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Fundamental Constants

Avogadro’s number (Ny)
Electron charge (e)
Electron mass

Faraday constant (F')
Gas constant (R)

Planck’s constant (/)
Proton mass
Neutron mass

Speed of light in a vacuum

Some Prefixes Used with S| Units

6.0221418 x 10*
1.6022 x 1077 C
9.109387 x 107 g
96,485.3 C/mol e~
0.08206 L - atm/K - mol
8.314 J/K - mol

62.36 L - torr/K - mol
1.987 cal/K - mol
6.6256 x 1077J - s
1.672623 x 107 g
1.674928 x 107 g
2.99792458 x 10° m/s

tera (T) 10"
giga (G) 10°
mega (M) 10°
kilo (k) 10°
deci (d) 107!

centi (c) 1072
milli (m) 10~
micro (u) 107°
nano (n) 10~
pico (p) 10712

Useful Conversion Factors and Relationships

1lb=453.6¢g
1 in = 2.54 cm (exactly)
1 mi = 1.609 km

1 km = 0.6215 mi
Ipm=1x10"m=1x10""cm
1 atm = 760 mmHg = 760 torr = 101,325 N/m? = 101,325 Pa
1 cal = 4.184 J (exactly)
1L :atm=101.3257J
1J=1Cx1V

o

5°C
9°C = (°F = 32°F
( )X 3R

o

F
x (°C) + 32°F

7°F =
5°C

IK
9K = (°C + 273.15°C) <1°C>
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List of the Elements with Their Symbols and Atomic Masses*

Element
Actinium
Aluminum
Americium
Antimony
Argon
Arsenic
Astatine
Barium
Berkelium
Beryllium
Bismuth
Bohrium
Boron
Bromine
Cadmium
Calcium
Californium
Carbon
Cerium
Cesium
Chlorine
Chromium
Cobalt
Copernicium
Copper
Curium
Darmstadtium
Dubnium
Dysprosium
Einsteinium
Erbium
Europium
Fermium
Flerovium
Fluorine
Francium
Gadolinium
Gallium
Germanium
Gold
Hafnium
Hassium
Helium
Holmium
Hydrogen
Indium
Todine
Iridium
Iron
Krypton
Lanthanum
Lawrencium
Lead
Lithium
Livermorium
Lutetium
Magnesium
Manganese
Meitnerium

Symbol

Ac
Al
Am
Sb
Ar
As
At
Ba
Bk
Be
Bi
Bh
B
Br
Cd
Ca
Cf

Fe
Kr
La
Lr
Pb
Li
Lv
Lu
Mg
Mn
Mt

Atomic Number

89
13
95
51
18
33
85
56
97
4
83
107

35
48
20
98

58
55
17
24
27
112
29
96
110
105
66
99
68
63
100
114

87
64
31
32
79
72
108

67

49
53
77
26
36
57
103
82

116
71
12
25

109

Atomic Mass’

27)
26.9815386
(243)

121.760
39.948
74.92160

(210)

137.327

(247)
9.012182
208.98040
(272)
10.811
79.904

112.411

40.078
(251)
12.0107

140.116

132.9054519
35.453
51.9961
58.933195

(285)
63.546
(247)
(281)
(268)

162.500

(252)
167.259
151.964

(257)

(289)

18.9984032

(223)

157.25
69.723
72.64

196.966569

178.49

(270)

4.002602
164.93032
1.00794

114.818

126.90447

192.217
55.845
83.798

138.90547

(262)
207.2

6.941

(293)

174.967
24.3050
54.938045

(276)

Element

Mendelevium
Mercury
Molybdenum
Moscovium
Neodymium
Neon
Neptunium
Nickel
Nihonium
Niobium
Nitrogen
Nobelium
Oganesson
Osmium
Oxygen
Palladium
Phosphorus
Platinum
Plutonium
Polonium
Potassium
Praseodymium
Promethium
Protactinium
Radium
Radon
Rhenium
Rhodium
Roentgenium
Rubidium
Ruthenium
Rutherfordium
Samarium
Scandium
Seaborgium
Selenium
Silicon
Silver
Sodium
Strontium
Sulfur
Tantalum
Technetium
Tellurium
Tennessine
Terbium
Thallium
Thorium
Thulium

Tin
Titanium
Tungsten
Uranium
Vanadium
Xenon
Ytterbium
Yttrium
Zinc
Zirconium

Symbol

Md

Rf

Atomic Number

101
80
42

115
60
10
93
28

113
41

7

102

118
76

8
46
15
78
94
84
19
59
61
91
88
86
75
45

111
37
44

104
62
21

106
34
14
47
11
38
16
73
43
52

117
65
81
90
69
50
22
74
92
23
54
70
39
30
40

Atomic Mass'

(258)
200.59

95.94
(289)
144.242
20.1797
(237)
58.6934
(286)
92.90638
14.0067

(259)

(294)
190.23

15.9994
106.42
30.973762
195.084
(244)
(209)
39.0983
140.90765

(145)
231.03588

(226)

(222)
186.207
102.90550

(280)

85.4678
101.07

(267)

150.36
44.955912
271)
78.96
28.0855
107.8682
22.98976928
87.62
32.065
180.94788
(98)
127.60

(293)
158.92535
204.3833
232.03806
168.93421
118.710

47.867
183.84
238.02891

50.9415
131.293
173.04

88.90585

65.409

91.224

*These atomic masses show as many significant figures as are known for each element. The atomic masses in the periodic table are shown to four significant figures, which is

sufficient for solving the problems in this book.
‘Approximate values of atomic masses for radioactive elements are given in parentheses.
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Preface

Welcome to the exciting and dynamic world of Chemistry! My desire to create a general chem-
istry textbook grew out of my concern for the interests of students and faculty alike. Having
taught general chemistry for many years, and having helped new teachers and future faculty
develop the skills necessary to teach general chemistry, I believe I have developed a distinct
perspective on the common problems and misunderstandings that students encounter while
learning the fundamental concepts of chemistry—and that professors encounter while teaching
them. I believe that it is possible for a textbook to address many of these issues while conveying
the wonder and possibilities that chemistry offers. With this in mind, I have tried to write a text
that balances the necessary fundamental concepts with engaging real-life examples and applica-
tions, while utilizing a consistent, step-by-step problem-solving approach and an innovative art

and media program.

Key Features

Problem-Solving Methodology

Sample Problems are worked examples that guide the student step-by-step through the process of
solving problems. Each Sample Problem follows the same four-step method: Strategy, Setup, Solu-
tion, and Think About It (check).

I © I

For an aqueous solution of glucose (C¢H;,04), determine (a) the molarity of 2.00 L of a solution that contains 50.0 g of glucose, (b) the volume Strategy: plan is laid out for solving
of this solution that would contain 0.250 mol of glucose, and (c) the number of moles of glucose in 0.500 L of this solution. the problem.
Strategy Convert the mass of glucose given to moles, and use the equations for interconversions of M, liters, and moles to calculate the answers.
Setup The molar mass of glucose is 180.2 g.
moles of glucose = & = 0.277 mol
180.2 g/mol
0.227 mol CeHypO, Setup: necessary information is

Solution (a) molarity = — 0 o= o = 01394 gathered and organized.

A common way to state the concentration of this solution is to say, “This solution is 0.139 M in glucose.”

b) vol _ 0.250 mol C¢H ;06 LEDIL
( voume—io‘le =1

(c) moles of C¢H,0q in 0.500 L = 0.500 L X 0.139 M = 0.0695 mol . .
Solution: problem is worked out.

THINK ABOUT IT

Check to see that the magnitudes of your answers are logical. For example, the mass given in the problem corresponds to 0.277 mol of
solute. If you are asked, as in part (b), for the volume that contains a number of moles smaller than 0.277, make sure your answer is
smaller than the original volume.

Think About It:

— Assess the result.
Practice Problem QTTEMPT For an aqueous solution of sucrose (C;,H,,0,,), determine (a) the molarity of 5.00 L of a solution that — Provides information that shows
contains 235 g of sucrose, (b) the volume of this solution that would contain 1.26 mol of sucrose, and (c) the number of moles of sucrose in the relevance of the result or the
1.89 L of this solution.

technique.

— Sometimes shows an alternate
route to the same answer.

Practice Problem GUILD For an aqueous solution of sodium chloride (NaCl), determine
(a) the molarity of 3.75 L of a solution that contains 155 g of sodium chloride, (b) the volume
of this solution that would contain 4.58 mol of sodium chloride, and (c) the number of moles
of sodium chloride in 22.75 L of this solution.

Practice Problem GONCEPTUALIZE The diagrams represent solutions of two

different concentrations. What volume of solution 2 contains the same amount of solute as
5.00 mL of solution 1? What volume of solution 1 contains the same amount of solute as
30.0 mL of solution 2? solution 1 solution 2
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(ONCEPTUALIZE

Each Sample Problem is followed by my ABC approach of three Practice Problems: Attempt,
Build, and Conceptualize.

Practice Problem A (or “Attempt”) asks the student to apply the same Strategy to solve a problem
very similar to the Sample Problem. In general, the same Setup and series of steps in the Solution
can be used to solve Practice Problem A.

Practice Problem B (or “Build”) assesses mastery of the same skills as those required for the
Sample Problem and Practice Problem A, but everywhere possible; Practice Problem B cannot be
solved using the same Strategy used for the Sample Problem and for Practice Problem A. This
provides the student an opportunity to develop a strategy independently, and combats the tendency
that some students have to want to apply a “template” approach to solving chemistry problems.
Practice Problems “Attempt” and “Build” have been incorporated into the problems available in
Connect (R) and can be used in online homework and/or quizzing.

Practice Problem C (or “Conceptualize”) provides an exercise that probes the student’s conceptual
understanding of the material. Practice Problems C often include concept and molecular art.

Each chapter’s end-of-chapter questions and problems begin with an

RE Applying What You've Learned
£ 8 Sports drinks typically contain sucrose (C1oHy;0y.), fructose (CgHi;05). sodium citrate (NasCoHs0,), potassium citrate

EBNE (K, CyH;0;), and ascorbic acid (H,CeHgO), among other ingredients. () Classify cach of these ingredients as a nonelec-
trolyte, a weak electrolyte, or a strong electrolyte [« Sample Problem 4.1]. (b) If a sports drink is 0.0015 M in both potassium citrate
and potassium phosphate, what is the overall concentration of potassium in the drink [« Sample Problem 4.11]? (c) The aqueous
fodine used to determine vitamin C content in sports drinks can be prepared by combining aqueous solutions of iodic acid (HIO;)
and hydroiodic acid (HI). (The products are aqueous iodine and liquid water.) Write a balanced equation for this reaction [1¢« Sample
Problem 3.3]. (d) Write the net ionic equation for the reaction [14« Sample Problem 4.3]. () Determine the oxidation number for each

Integrative Problem, titled Applying What You've Learned. These integrative
problems incorporate multiple concepts from the chapter, with each step of the
problem providing a specific reference to the appropriate Sample Problem in

element in the net ionic equation [« Sample Problem 4.5].

case the student needs direction.

New Pedagogy
Key Skills

Newly located immediately before the end-of-chapter problems, Key Skills pages are modules that
provide a review of specific problem-solving techniques from that particular chapter. These are
techniques the author knows are vital to success in later chapters. The Key Skills pages are designed
to be easy for students to find touchstones to hone specific skills from earlier chapters—in the
context of later chapters. The answers to the Key Skills Problems can be found in the Answer
Appendix in the back of the book.

Net lonic Equations

A molecular equation is necessary to do stoichiometric calculations [H4 Section 3.3] but molecular equations often misrepresent the
species in a solution.
Net ionic equations are preferable in many instances because they indicate more succinctly the species in solution and the actual
chemical process that a chemical equation represents. Writing net ionic equations is an important part of solving a variety of
problems including those involving precipitation reactions, redox reactions, and acid-base neutralization reactions. To write net ionic
equations, you must draw on several skills from earlier chapters:

« Recognition of the common polyatomic ions [«Section 2.6]

« Balancing chemical equations and labeling species with (s), (1), (g), or (ag) [i44Section 3.1]

« Identification of strong electrolytes, weak electrolytes, and nonelectrolytes [H4Section 4.1]

Writing a net ionic equation begins with writing and balancing the molecular equation. For example, consider the precipitation
reaction that occurs when aqueous solutions of sodium iodide and lead(Il) nitrate are combined.

Pb(NOs):(aq) J + Nal(nq)J —

Exchanging the ions of the two aqueous reactants gives us the formulas of the products. The phases of the products are determined

by considering the solubility guidelines [ Tables 4.2 and 4.3],
Pbly(s) J + NaNOq(aq)J

Pb(NO3)(aq) J + Nal(wi)J —

We balance the equation and separate the soluble strong electrolytes to get the ionic equation.

Pb(NO3),(aq) J + 2| Na[(nq)J —
Pb2+mq)J+ 2 NO;(uq)J + 2| Nmaq)J + 2 — | PbL(s) |+ 2 Na+(uq)J+ 2| No;(aqj

We then identify the spectator ions, those that are identical on both sides of the equation, and eliminate them.

+ +2[ I(aq) | — PbIZ(A)J+ 2| Na*(aq)J + (2] NOx(aq)J

‘What remains is the net ionie equation.
Pbl*(aq)J e zr(aq)J — Pblz(x)J

Pbly(s) J + 2| NaNOs(aq)

 S—

Pb“(aq)J +[2| NO3(ag)

174

Consider now the reaction that occurs when aqueous solutions of hydrochloric acid and potassium fluoride are combined.

HCI(nq)J + | KF(ag) J —

Again, exchanging the ons of the two aqueous reactants gives us the formulas of the products.

HC](aq)J + | KF(ag) J — HF(aq)J + KCl(aq)J

| S—

!

This equation is already balanced. We separate soluble strong electrolytes into their constituent ions. In this case, although the
Ht(aq) J + | Clag) J + | Kt(ag) J + | Flag J — | HF(agq) J + | K*(ag)
We identify the spectator ions and eliminate them.
What remains is the net ionic equation.
H*(ag) J + | Faq) J — | HF(aq) J
You must be able to identify the species in solution as strong, weak, or nonelectrolytes so that you know which should be separated

products are both aqueous, only one is a strong electrolyte. The other, HF, is a weak electrolyte.
+ Cl-(aq) J
H*(ag) J +|| crag J K*(aq) J +| Fg J — | HF(@g) J +|| Ktag)
into ions and which should be left as molecular or formula units.

Key Skills Problems

43
¢ equation for the preciptation of FeSO(s) when aqueous  The net fonic equation for the neutralization of acetic acid (HC;H,0;) with lithium
hydroxide [LiOH(ag)] is

41
‘What s the balanced net
solutions of K;S0; and FeCl, are combined?

(@) 2K*(ag) + SO (ag) + Fe™*(ag) + 20T (ag) ——=

(@) H'(ag) + OH (ag) ——= H,0()
FeSO,(s) + 2K (ag) + 2CT (ag) ) i

7 (ag) > FeSOL(s) () + C2H, 03 ag)

FeSO4(5) + 2KCllag) (@HCH + Li*(ag) + OH (ag) ——= H,0(D) + LIC;H0s(aq)
Ouls) (&) H'(ag) + C;H,05(ag) + OH(ag) —— H,0(D) + C:H,05(ag)

9+ Fe¥'(ag) + 2T (ag) —= FeSO,(5)

1).thesteel becomes coated
C*(ag) + 20H (ag) ——> olution fades. What i the net
ic cquation are NOj (ag) + K- (ag). what
i the molecular equation for this reacti X )
(@) Fe(s) + CuSOL(ag) — FeSO4(ag) + Cus)
(2) CANO;(ag) + KOH(ag) ——= Cd(OH)(5) + KNO(ag) (b) Fe*'(ag) + Culs) ——= Fe(s) + Cu**(ag)
(6) Cd™*(ag) + NO3(ag) + 2K* (ag) + OH-(ag) ——= © 1) + Cu(s) —— Fe(s) + CuSOy(aq)
CAOM(5) + 2K (ag) + NOS(ag) (@) P (ag) —— Fe?*(ag) + Cu(s)
(©) CANOy):(ag) + 2KOH(ag) — CA(OH)x(s) + 2KNO1(aq) (@) Fe(s) + Culag) —> Fe(aq) + Culs)
(& CA(OH)(5) + 2KNO(ag) ——= CA(NOy)s(ag) + 2KOH(ag)
(&) Cd™*(ag) + NOS (ag) + K (ag) + OH"(ag)

CAOM)(s) + K (ag) + NO3(ag)




New to the Fifth Edition

* Use of student Heat Maps to improve presentation specifically based on student performance.

* New chapter openers, with emphasis on the chemistry associated with global climate change.

* New End-of-Chapter Problems have been added in response to user comments. These include
additional conceptual problems, additional multi-concept problems, and updates of information
in topical questions.

e New Sample Problems to improve the introduction of new concepts.

» New figures to help students develop conceptual understanding.

e Continued development of truly comprehensive and consistent problem-solving. Hundreds
of worked examples (Sample Problems) help students get started learning how to approach and
solve problems.

* SmartBook™ with Learning Resources. Our adaptive SmartBook has been supplemented
with additional learning resources tied to each learning objective to provide point-in-time help
to students who need it.

New and updated chapter content includes:

Incorporation of essential information from student notes into the main flow of text in each chap-
ter. The remaining student notes are designed to help students over a variety of stumbling blocks.
They include timely warnings about common errors, reminders of important information from
previous chapters, and general information that helps place the material in an easily understood
context.

Chapter 1—New chapter opener with environmental focus and earlier placement of the FAQ
box “How Can I Enhance My Chances of Success in Chemistry Class?”

Chapter 2—New end-of-chapter problems

Chapter 5—New end-of-chapter problems, including conceptual and multi-concepts problems
Chapter 6—New conceptual illustration of the photoelectric effect

Chapter 7—New chapter opener with environmental focus

Chapter 8—New conceptual end-of-chapter problems

Chapter 10—New conceptual end-of-chapter problems

Chapter 11—New conceptual end-of-chapter problems

Chapter 17—New chapter opener with environmental focus and new conceptual
end-of-chapter problems

Chapter 18—New conceptual Checkpoint and end-of-chapter problems

Student Resources

All students will have access to chemistry animations for the animated Visualizing Chemistry
figures as well as other chemistry animations in Connect. Within the text, the animations are
mapped to the appropriate content.

Students will have access to innovative applications of new educational technologies.
Based on their instructors’ choices, students will have access to electronic homework and
guided practice through Connect. Available questions include a variety of conceptual, static,
and algorithmic content chosen by the instructors specifically for their students. Connect is
also a portal for McGraw-Hill SmartBook®, an exciting adaptive reading experience that for-
mulates an individualized learning path for each student through an easy, intuitive interface
and real-time diagnostic exercises.

Additionally, students can purchase a Student Solution Manual that contains detailed solutions
and explanations for the odd-numbered problems in the main text.

For me, this text will always remain a work in progress. I encourage you to contact me with

any comments or questions.

Julia Burdge
juliaburdge @cwidaho.cc

PREFACE
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In This Chapter, You Will Learn

Some of what chemistry is and how it is studied using the
scientific method. You will learn about the system of units used
by scientists and about expressing and dealing with the
numbers that result from scientific measurements.

Before You Begin, Review These Skills

+ Basic algebra
+ Scientific notation [P Appendix 1]

Global Climate Change and
the Scientific Method

To advance understanding of science, researchers use a set of guidelines known as the scientific
method. The guidelines involve careful observations, educated reasoning, and the development
and experimental testing of hypotheses and theories. One field of study in which the scientific
method has informed our understanding of the world is that of global climate change.

Late in the nineteenth century, Swedish chemist Svante Arrhenius used the principles of chem-
istry to describe the “greenhouse effect,” the process by which certain components of the atmo-
sphere absorb some of the energy radiating from Earth’s surface and prevent it from escaping
into space—thereby warming the planet. The greenhouse effect is a natural phenomenon, respon-
sible in part for Earth’s average global temperature being hospitable to humans and other forms
of life. But Arrhenius also predicted what he perceived to be an inevitable, eventual consequence
of the burning of coal and other fossil fuels, which increased significantly during the industrial
revolution. He believed that, unchecked, the dramatic increase in atmospheric CO, caused by
human activities would cause a potentially dangerous increase in global temperature via the
“enhanced greenhouse effect.”

Several groups of climate scientists, including those at the National Aeronautics and Space
Administration’s Goddard Institute for Space Studies (NASA/GISS) at Columbia University,
study global temperature trends by analyzing observations from many thousands of data sets
gathered using a variety of different measurement techniques over the course of more than a
century. Their findings have consistently validated Arrhenius’s prediction. There is no doubt that
the temperature of our planet is increasing. Moreover, the connection between global temperature
change and human activities—most importantly the burning of fossil fuels—is undeniable.

The issue of global climate change is one that appears frequently in the popular press. Unfor-
tunately, it has become something of a political issue, with some people dismissing its impor-
tance or denying its existence outright. As a student of science, you will want to develop an
informed perspective. To do this, you must understand how observations, hypotheses, theories,
and experimentation contribute to a self-correcting scientific narrative; and how they have given
rise to the current scientific consensus regarding climate change and humankind’s role in it.

At the end of this chapter, you
will be able to answer several
questions related to the study
of global climate change

[» Applying What You’ve
Learned, page 30].
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m The Study of Chemistry

Chemistry often is called the central science because knowledge of the principles of chemistry
can facilitate understanding of other sciences, including physics, biology, geology, astronomy,
oceanography, engineering, and medicine. Chemistry is the study of matter and the changes that
matter undergoes. Matter is what makes up our bodies, our belongings, our physical environ-
ment, and in fact our universe. Matter is anything that has mass and occupies space.

Although it can take many different forms, all matter consists of various combinations of atoms
of only a relatively small number of simple substances called elements. The properties of matter
depend on which of these elements it contains and on how the atoms of those elements are arranged.

Chemistry You May Already Know

You may already be familiar with some of the terms used in chemistry. Even if this is your first
chemistry course, you may have heard of molecules and know them to be tiny pieces of a
substance—much too tiny to see. Further, you may know that molecules are made up of atoms,
even smaller pieces of matter. And even if you don’t know what a chemical formula is, you
probably know that H,O is water and CO, is carbon dioxide. You may have used, or at least
heard, the term chemical reaction; and you are undoubtedly familiar with a variety of chemical
reactions, such as those shown in Figure 1.1.

Familiar chemical reactions, such as those shown in Figure 1.1, are all things that you can
observe at the macroscopic level. In other words, these processes and their results are visible to
the human eye. In studying chemistry, you will learn to understand and visualize many of these
processes at the molecular level.

Because atoms and molecules are far too small to observe directly, we need a way to
visualize them. One way is through the use of molecular models. Throughout this book, we will
represent matter at the molecular level using molecular art, the two-dimensional equivalent of
molecular models. In these pictures, atoms are represented as spheres, and atoms of particular

e

Figure 1.1 Many familiar processes are chemical reactions:
(@) The flame of a creme brulee torch is the combustion of
butane. (b) The bubbles produced when Alka-Seltzer dissolves
in water are carbon dioxide, produced by a chemical reaction
between two ingredients in the tablets. (c) The formation of
rust is a chemical reaction that occurs when iron, water, and
oxygen are all present. (d) Many baked goods “rise” as the
result of a chemical reaction that produces carbon dioxide.
(e) The glow produced when luminol is used to detect traces
of blood in crime-scene investigations is the result of a
chemical reaction.

a: ©OMike Liu/Shutterstock; b: ©McGraw-Hill Education/Charles D.
Winters, photographer ; c: ©Danie van Niekerk/Shutterstock;
d: ©Marie C Fields/Shutterstock; e: ©Couperfield/Shutterstock
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(=l How Can | Enhance My Chances of Success in Chemistry Class?

Success in a chemistry class depends largely on problem-
solving ability. The Sample Problems throughout this
text are designed to help you develop problem-solving
skills. Each is divided into four steps: Strategy, Setup,
Solution, and Think About It.

A

Strategy: Read the problem carefully and determine what is
being asked and what information is provided. The Strategy
step is where you should think about what skills are required
and lay out a plan for solving the problem. Give some thought
to what you expect the result to be. If you are asked to deter-
mine the number of atoms in a sample of matter, for example,
you should expect the answer to be a whole number. Deter-
mine what, if any, units should be associated with the result.
When possible, make a ballpark estimate of the magnitude of
the correct result, and make a note of your estimate.

Setup: Next, gather the information necessary to solve the
problem. Some of the information will have been given in
the problem itself. Other information, such as equations, con-
stants, and tabulated data (including atomic masses), should
also be brought together in this step. Write down and label
clearly all of the information you will use to solve the prob-
lem. Be sure to write appropriate units with each piece of
information.

Solution: Using the necessary equations, constants, and
other information, calculate the answer to the problem. Pay
particular attention to the units associated with each number,
tracking and canceling units throughout the calculation. In
the event that multiple calculations are required, carefully
label any intermediate results.

Think About It: Consider your calculated result and ask
yourself whether or not it makes sense. Compare the units
and the magnitude of your result with your ballpark estimate
from the Strategy step. If your result does not have the ap-
propriate units, or if its magnitude or sign is not reasonable,
check your solution for possible errors. A very important part
of problem solving is being able to judge whether the answer
is reasonable. It is relatively easy to spot a wrong sign or
incorrect units, but you should also develop a sense of mag-
nitude and be able to tell when an answer is either way too
big or way too small. For example, if a problem asks how
many molecules are in a sample and you calculate a number
that is less than 1, you should know that it cannot be correct.

For additional practice, each Sample Problem is followed by
three Practice Problems: A, B, and C. Practice Problem A, “At-
tempt,” typically is very similar to the Sample Problem and can be
solved using the same strategy. Practice Problem B, “Build,” gener-
ally tests the same skills as Practice Problem A, but usually re-
quires a slightly different approach. Practice Problem B lets you
practice devising your own problem-solving strategy—an indis-
pensable skill in any science curriculum. Practice Problem C,
“Conceptualize,” specifically probes your understanding of the un-
derlying chemical concepts associated with the Sample Problem.

Regular use of the Sample Problems and Practice Problems
A, B, and C in this text can help you develop an effective set of
problem-solving skills. They can also help you assess whether you
are ready to move on to the next new concepts. If you struggle with
the Practice Problems, then you probably need to review the cor-
responding Sample Problem and the concepts that led up to it.

elements are represented using specific colors. Table 1.1 lists some of the elements that you
will encounter most often and the colors used to represent them in this book.

Molecular art can be of ball-and-stick models, in which the bonds connecting atoms appear
as sticks [Figure 1.2(b)], or of space-filling models, in which the atoms appear to overlap one H,0
another [Figure 1.2(c)]. Ball-and-stick and space-filling models illustrate the specific, three- ()
dimensional arrangement of the atoms. The ball-and-stick model does a good job of illustrating

the arrangement of atoms, but exaggerates the distances between atoms, relative to their sizes.
The space-filling model gives a more accurate picture of these interatomic distances but can

obscure the details of the three-dimensional arrangement.

(b)
TABLE 1.1 Flolors of Elements Commonly Used
in Molecular Art

Sodium u
Phosphorus Q
Sulfur

Chlorine 0 \
Bromine O (©)

. Figure 1.2 Water represented with a
Todine )
(@) molecular formula, (b) ball-and-stick

Hydrogen

Boron \J

Carbon ’
Nitrogen O
Oxygen ‘

Fluorine J

model, and (c) space-filling model.
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Hypothesis revised if
experimental results
do not support it

r

2

Model altered if
experimental results
do not support it

r

:

Observations
Natural phenomena
and measured events;
if universally consistent,
can be stated
as a law

J L

Hypothesis
Tentative explanation
that explains observations

LN
W

Experiment
Procedure to test
hypothesis; measures
one variable at a time

J L

Model (Theory)

Set of conceptual
assumptions that
explains data from
accumulated experiments;
predicts related

[N
[ W

Further
Experiment
Tests predictions
based on model

phenomena
Observation: Hypothesis: Experiment: Model: Further
Milkmaids don’t Having contracted Intentionally expose Because child did not Experiment:

contract smallpox.

cowpox, milkmaids
have a natural immunity
to smallpox.

a healthy child to cowpox

and later to smallpox.

contract smallpox,
immunity seemed to
have resulted from

Many more humans
inoculated with
cowpox virus, confirming

COWPOX exposure. the model.

Figure 1.3 Flowchart of the scientific method.

Student Note: Some books refer to
substances as pure substances. These
two terms generally mean the same
thing although the adjective pure is
unnecessary in this context because a
substance is, by definition, pure.

The Scientific Method

Experiments are the key to advancing our understanding of chemistry—or any science. Although
not all scientists will necessarily take the same approach to experimentation, they all follow a set
of guidelines known as the scientific method to add their results to the larger body of knowledge
within a given field. The flowchart in Figure 1.3 illustrates this basic process. The method begins
with the gathering of data via observations and experiments. Scientists study these data and try
to identify patterns or trends. When they find a pattern or trend, they may summarize their find-
ings with a law, a concise verbal or mathematical statement of a reliable relationship between
phenomena. Scientists may then formulate a hypothesis, a tentative explanation for their observa-
tions. Further experiments are designed to test the hypothesis. If experiments indicate that the
hypothesis is incorrect, the scientists go back to the drawing board, try to come up with a different
interpretation of their data, and formulate a new hypothesis. The new hypothesis will then be
tested by experiment. When a hypothesis stands the test of extensive experimentation, it may
evolve into a theory. A theory is a unifying principle that explains a body of experimental obser-
vations and the laws that are based on them. Theories can also be used to predict related phe-
nomena, so theories are constantly being tested. If a theory is disproved by experiment, then it
must be discarded or modified so that it becomes consistent with experimental observations.

A fascinating example of the use of the scientific method is the story of how smallpox was
eradicated. Late in the eighteenth century, an English doctor named Edward Jenner observed that
even during outbreaks of smallpox in Europe, milkmaids seldom contracted the disease. He reasoned
that when people who had frequent contact with cows contracted cowpox, a similar but far less
harmful disease, they developed a natural immunity to smallpox. He predicted that intentional
exposure to the cowpox virus would produce the same immunity. In 1796, Jenner exposed an 8-year-
old boy to the cowpox virus using pus from the cowpox lesions of an infected milkmaid. Six weeks
later, he exposed the boy to the smallpox virus and, as Jenner had predicted, the boy did not contract
the disease. Subsequent experiments using the same technique (later dubbed vaccination from the
Latin vacca meaning cow) confirmed that immunity to smallpox could be induced.

A superbly coordinated international effort on the part of healthcare workers was success-
ful in eliminating smallpox worldwide. In 1980, the World Health Organization declared small-
pox officially eradicated in nature. This historic triumph over a dreadful disease, one of the
greatest medical advances of the twentieth century, began with Jenner’s astute observations,
inductive reasoning, and careful experimentation—the essential elements of the scientific method.

m Classification of Matter

Chemists classify matter as either a substance or a mixture of substances. A substance is a
form of matter that has a specific composition and distinct properties. Examples are salt
(sodium chloride), iron, water, mercury, carbon dioxide, and oxygen. Substances can be further
classified as either elements (such as iron, mercury, and oxygen) or compounds (such as salt,
water, and carbon dioxide). Different substances differ from one another in composition and
properties, and each can be identified by its appearance, taste, smell, or other properties.



SECTION 1.2 Classification of Matter

States of Matter

Every substance can, in principle, exist as a solid, a liquid, and a gas, the three physical states
depicted in Figure 1.4. Solids and liquids sometimes are referred to collectively as the condensed
phases. Liquids and gases sometimes are referred to collectively as fluids. In a solid, particles
are held close together in an orderly fashion with little freedom of motion. As a result, a solid
does not conform to the shape of its container. Particles in a liquid are close together but are
not held rigidly in position; they are free to move past one another. Thus, a liquid conforms to
the shape of the part of the container it fills. In a gas, the particles are separated by distances
that are very large compared to the size of the particles. A sample of gas assumes both the
shape and the volume of its container.

The three states of matter can be interconverted without changing the chemical composi-
tion of the substance. Upon heating, a solid (e.g., ice) will melt to form a liquid (water). Further
heating will vaporize the liquid, converting it to a gas (water vapor). Conversely, cooling a gas
will cause it to condense into a liquid. When the liquid is cooled further, it will freeze into the
solid form. Figure 1.5 shows the three physical states of water.

Elements

An element is a substance that cannot be separated into simpler substances by chemical means.
Iron, mercury, oxygen, and hydrogen are just 4 of the 118 elements that have been identified.
Most of the known elements occur naturally on Earth. The others have been produced by sci-
entists via nuclear processes, which are discussed in Chapter 20. As shown in Figure 1.6(a) and
(b), an element may consist of atoms or molecules.

For convenience, chemists use symbols of one or two letters to represent the elements.
Only the first letter of an element’s chemical symbol is capitalized. A list of the elements and
their symbols appears at the beginning of this book. The symbols of some elements are derived
from their Latin names—for example, Ag from argentum (silver), Pb from plumbum (lead), and
Na from natrium (sodium)—while most of them come from their English names—for example,
H for hydrogen, Co for cobalt, and Br for bromine.

Compounds

Most elements can combine with other elements to form compounds. Hydrogen gas, for example,
burns in the presence of oxygen gas to form water, which has properties that are distinctly different
from those of either hydrogen or oxygen. Thus, water is a compound, a substance composed of
atoms of two or more elements chemically united in fixed proportions [Figure 1.6(c)]. The ele-
ments that make up a compound are called the compound’s constituent elements. For example,

—

Figure 1.4 Molecular-level illustrations of a solid, liquid, and gas.

| o

Animation
Matter—three states of matter.

Figure 1.5 Water as a solid (ice),
liquid, and gas. (We can’t actually see
water vapor, any more than we can see
the nitrogen and oxygen that make up
most of the air we breathe. When we

see steam or clouds, what we are
actually seeing is water vapor that has
condensed upon encountering cold air.)

©McGraw-Hill Education/Charles D. Winters,
photographer
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the constituent elements of water are hydrogen and oxygen; and water always contains twice as
many hydrogen atoms as oxygen atoms (fixed proportions).

A compound cannot be separated into simpler substances by any physical process. (A

Q physical process [W Section 1.4] is one that does not change the identity of the matter. Examples

of physical processes include boiling, freezing, and filtering.) Instead, the separation of a com-

O pound into its constituent elements requires a chemical reaction.

Mixtures

J A mixture is a combination of two or more substances [Figure 1.6(d)] in which the substances
retain their distinct identities. Like pure substances, mixtures can be solids, liquids, or gases.
Some familiar examples are mixed nuts, 14-carat gold, apple juice, salt water, and air. Unlike

()
compounds, mixtures do not have a universal constant composition. Therefore, samples of air
; collected in different locations will differ in composition because of differences in altitude, pol-
lution, and other factors. The ratio of salt to water in different samples of salt water will vary

depending on how they were prepared.
. Mixtures are either homogeneous, having uniform composition throughout; or heterogeneous,
0 having variable composition. When we dissolve a teaspoon of sugar in a glass of water, we get a
homogeneous mixture. However, if we mix sand with iron filings, we get a a heterogeneous
o mixture in which the two substances remain distinct and discernible from each other (Figure 1.7).
Mixtures, whether homogeneous or heterogeneous, can be separated into pure components
by physical means—without changing the identities of the components. Thus, sugar can be
recovered from a water solution by evaporating the solution to dryness. Condensing the vapor
will give us back the water component. To separate the sand—iron mixture, we can use a magnet
to remove the iron filings from the sand, because sand is not attracted to the magnet [see
Figure 1.7(b)]. After separation, the components of the mixture will have the same composition

(b)

and properties as they did prior to being combined. The relationships among substances, elements,
compounds, and mixtures are summarized in Figure 1.8.

2
9

@
2

(a) (b)
Figure 1.6 (a) Isolated atoms of an Figure 1.7 (a) A heterogeneous mixture contains iron filings and sand. (b) A magnet is used to separate
element. (b) Molecules of an element. the iron filings from the mixture.
(c) Molecules of a compound, ©McGraw-Hill Education/Charles D. Winters, photographer
consisting of more than one element.
(d) A mixture of atoms of an element Matter
and molecules of an element and a
L <
compound.
. Separation by
Mixtures physical methods Substances
Hom.ogeneous Hetel.'ogeneous Compounds FElements

Student Note: A compound may mixtures mixtures

consist of molecules or ions, which

we discuss in Chapter 2. .

Separation by

chemical methods

Figure 1.8 Flowchart for the classification of matter.



m Scientific Measurement

Scientists use a variety of devices to measure the properties of matter. A meterstick
is used to measure length; a burette, pipette, graduated cylinder, and volumetric
flask are used to measure volume (Figure 1.9); a balance is used to measure mass;

SECTION 1.3 Scientific Measurement

Student Note: According to the U.S.
Metric Association (USMA), the United
States is “the only significant holdout”
with regard to adoption of the metric
system. The other countries that
continue to use traditional units are
Myanmar (formerly Burma) and Liberia.

and a thermometer is used to measure temperature. Properties that can be measured
are called quantitative properties because they are expressed using numbers. When
we express a measured quantity with a number, though, we must always include the appropriate
unit; otherwise, the measurement is meaningless. For example, to say that the depth of a swimming
pool is 3 is insufficient to distinguish between one that is 3 feet (0.9 meter) and one that is 3 meters
(9.8 feet) deep. Units are essential to reporting measurements correctly.

The two systems of units with which you are probably most familiar are the English system
(foot, gallon, pound, etc.) and the metric system (meter, liter, kilogram, etc.). Although there has
been an increase in the use of metric units in the United States in recent years, English units
still are used commonly. For many years, scientists recorded measurements in metric units, but
in 1960, the General Conference on Weights and Measures, the international authority on units,
proposed a revised metric system for universal use by scientists. We use both metric and revised
metric (SI) units in this book.

S| Base Units

The revised metric system is called the International System of Units (abbreviated SI, from the
French Systéeme Internationale d’Unités). Table 1.2 lists the seven SI base units. All other units
of measurement can be derived from these base units. The SI unit for volume, for instance, is
derived by cubing the SI base unit for length. The prefixes listed in Table 1.3 are used to denote
decimal fractions and multiples of SI units. This enables scientists to tailor the magnitude of a
unit to a particular application. For example, the meter (m) is appropriate for describing the
dimensions of a classroom, but the kilometer (km), 1000 m, is more appropriate for describing
the distance between two cities. Units that you will encounter frequently in the study of chem-
istry include those for mass, temperature, volume, and density.

Mass

Although the terms mass and weight often are used interchangeably, they do not mean the same
thing. Strictly speaking, weight is the force exerted by an object or sample due to gravity. Mass

Figure 1.9 (a) A volumetric flask
is used to prepare a precise
volume of a solution for use in the —
laboratory. (b) A graduated
cylinder is used to measure a

volume of liquid. It is less precise
than the volumetric flask. (c) A

volumetric pipette is used to
deliver a precise amount of liquid.
(d) A burette is used to measure
the volume of a liquid that has
been added to a container. A

reading is taken before and after 25
the liquid is delivered, and the
volume delivered is determined

by subtracting the first reading Volumetric flask Graduated cylinder
from the second. (a) (b)
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TABLE 1.2 Base Sl Units o Student Note: Only one of the seven

Sl base units, the kilogram, itself

Base Quantity Name of Unit Symbol contains a prefix.

Length meter m

Mass kilogram kg

Time second S

Electric current ampere A

Temperature kelvin K

Amount of substance mole mol

Luminous intensity candela cd

Prefix Symbol Meaning Example

Tera- T 1 x 10" (1,000,000,000,000) 1 teragram (Tg) = 1 x 10* g
Giga- G 1 x 10° (1,000,000,000) 1 gigawatt (GW) = 1 x 10° W
Mega- M 1 x 10° (1,000,000) 1 megahertz (MHz) = 1 x 10° Hz
Kilo- k 1 x 10% (1,000) 1 kilometer (km) = 1 x 10° m
Deci- d 1 x 107" (0.1) 1 deciliter (dL) =1 x 107' L
Centi- c 1 x107%(0.01) 1 centimeter (cm) = 1 X 1072 m
Milli- m 1 x 107 (0.001) 1 millimeter (mm) =1 x 10 m
Micro- p 1 x 107 (0.000001) 1 microliter (uL) =1 x 10° L
Nano- n 1 x 107 (0.000000001) 1 nanosecond (ns) =1 x 10™°s
Pico- P 1 x 107" (0.000000000001) 1 picogram (pg) =1 x 107* g

is a measure of the amount of matter in an object or sample. Because gravity varies from loca-
tion to location (gravity on the moon is only about one-sixth that on Earth), the weight of an
object varies depending on where it is measured. The mass of an object remains the same
regardless of where it is measured. The SI base unit of mass is the kilogram (kg), but in chem-
istry the smaller gram (g) often is more convenient and is more commonly used:

1kg=1000g=1x10°¢g

Temperature

There are two temperature scales used in chemistry. Their units are degrees Celsius (°C) and
kelvin (K). The Celsius scale was originally defined using the freezing point (0°C) and the
boiling point (100°C) of pure water at sea level. As Table 1.2 shows, the SI base unit of tem-
perature is the kelvin. Kelvin is known as the absolute temperature scale, meaning that the lowest
temperature possible is 0 K, a temperature referred to as “absolute zero.” No degree sign (°) is
used to represent a temperature on the Kelvin scale. The theoretical basis of the Kelvin scale
has to do with the behavior of gases and is discussed in Chapter 10.

Units of the Celsius and Kelvin scales are equal in magnitude, so a degree Celsius is
equivalent to a kelvin. Thus, if the temperature of an object increases by 5°C, it also increases
by 5 K. Absolute zero on the Kelvin scale is equivalent to —273.15°C on the Celsius scale.
We use the following equation to convert a temperature from units of degrees Celsius to
kelvin:

Equation 1.1 K = °C + 273.15
Depending on the precision required, the conversion from degrees Celsius to kelvin often

is done simply by adding 273, rather than 273.15. Sample Problem 1.1 illustrates conversions
between these two temperature scales.
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SAMPLE PROBLEM

Normal human body temperature can range over the course of the day from about 36°C in the early morning to about 37°C in the afternoon.
Express these two temperatures and the range that they span using the Kelvin scale.

Strategy Use Equation 1.1 to convert temperatures from the Celsius scale to the Kelvin scale. Then convert the range of temperatures from
degrees Celsius to kelvin, keeping in mind that 1°C is equivalent to 1 K.

Setup Equation 1.1 is already set up to convert the two temperatures from degrees Celsius to kelvin. No further manipulation of the equation
is needed. The range in kelvin will be the same as the range in degrees Celsius.

Solution 36°C + 273 = 309 K, 37°C + 273 = 310 K, and the range of 1°C is equal to a range of 1 K.

THINK ABOUT IT

Check your math and remember that converting a temperature from degrees Celsius to kelvin is different from converting a difference
in temperature from degrees Celsius to kelvin.

Practice Problem QTTEM PT Express the freezing point of
water (0°C), the boiling point of water (100°C), and the range
spanned by the two temperatures using the Kelvin scale.

Practice Problem GUILD According to the website of the
National Aeronautics and Space Administration (NASA), the average
temperature of the universe is 2.7 K. Convert this temperature to
degrees Celsius.

Practice Problem (QONCEPTUALIZE If a single degree

on the Celsius scale is represented by the rectangle on the left, I I
which of the rectangles on the right best represents a single kelvin? (i) (i) (iii) @iv)
Bringing Chemistry to Life -

Fahrenheit Temperature Scale

Outside of scientific circles, the Fahrenheit temperature scale is the one most used in the United States. Before the work of Daniel
Gabriel Fahrenheit (German physicist, 1686—1736), there were numerous different, arbitrarily defined temperature scales, none of
which gave consistent measurements. Accounts of exactly how Fahrenheit devised his temperature scale vary from source to source.
In one account, in 1724, Fahrenheit labeled as 0° the lowest artificially attainable temperature at the time (the temperature of a
mixture of ice, water, and ammonium chloride). Using a traditional scale consisting of 12 degrees, he labeled the temperature of

a healthy human body as the twelfth degree. On this scale, the freezing point of water occurred at the fourth degree. For better
resolution, each degree was further divided into eight smaller degrees. This convention makes the freezing point of water 32°

and normal body temperature 96°. Today we consider normal body temperature to be somewhat higher than 96°F.

The boiling point of water on the Fahrenheit scale is 212°, meaning that there are 180 degrees (212° — 32°) between the
freezing and boiling points. This separation is considerably more than the 100 degrees between the freezing point and boiling
point of water on the Celsius scale [named after Swedish physicist Ander Celsius (1701-1744)]. Thus, the size of a degree on
the Fahrenheit scale is only 100/180 or five-ninths of a degree on the Celsius scale. Equations 1.2 and 1.3 give the relationship
between Fahrenheit and Celsius temperatures.

5°C
temp in °C = (temp in °F — 32°F) X OF Equation 1.2
and
temp in °F = X (temp in °C) + 32°F Equation 1.3

T 5°C




12 CHAPTER 1 Chemistry: The Central Science

Sample Problem 1.2 illustrates the conversion between Celsius and Fahrenheit scales.

SAMPLE PROBLEM

A body temperature below 35.0°C constitutes hypothermia, whereas one above 39.0°C constitutes a high fever. Convert each of these
temperatures to the Fahrenheit scale.

Strategy We are given temperatures in Celsius and are asked to convert them to Fahrenheit.
Setup We use Equation 1.3:

5°C

temp in °F = X (temp in °C) + 32°F Equation 1.3

Solution

o

F
% 35.0°C + 32°F = 95.0°F
5°C

temp in °F =

o

I
%X 39.0°C + 32°F = 102.2°F

t in °F =
emp in 5°C

THINK ABOUT IT

“Normal” body temperature on the Fahrenheit scale is generally considered to be 98.6°F. The temperatures of hypothermia and high
fever should be below and above that number, respectively. Therefore, 95.0°F and 102.2°F seem like reasonable results.

Practice Problem oTTEM PT Convert the temperatures
45.0°C and 90.0°C, and the difference between them, to degrees
Fahrenheit.

Practice Problem GUILD In Ray Bradbury’s 1953 novel
Fahrenheit 451, 451°F is said to be the temperature at which books,
which have been banned in the story, ignite. Convert 451°F to the
Celsius scale.

Practice Problem (QONCEPTUALIZE If a single degree
on the Fahrenheit scale is represented by the rectangle on the left,

which of the rectangles on the right best represents a single degree e
on the Celsius scale? Which best represents a single kelvin? @) (i1) (iii) @iv)
? Derived Units: Volume and Density

There are many quantities, such as volume and density, that require units not included in the
base SI units. In these cases, we must combine base units to derive appropriate units for the
quantity.

The derived SI unit for volume, the meter cubed (m3), is a larger volume than is practi-
cal in most laboratory settings. The more commonly used metric unit, the liter (L), is derived
by cubing the decimeter (one-tenth of a meter) and is therefore also referred to as the cubic
decimeter (dm?). Another commonly used metric unit of volume is the milliliter (mL), which
is derived by cubing the centimeter (1/100 of a meter). The milliliter is also referred to as
the cubic centimeter (cm?). Figure 1.10 illustrates the relationship between the liter (or dm’®)
and the milliliter (or cm?).

Density is the ratio of mass to volume. Oil floats on water, for example, because, in addi-
tion to not mixing with water, oil has a lower density than water. That is, given equal volumes
of the two liquids, the oil will have a smaller mass than the water. Density is calculated using
the following equation:

Oil floating on water is a familiar
demonstration of density differences. Equation 1.4 d=
©David A. Tietz/Editorial Image, LLC

<|3
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Figure 110 The larger cube has 1-dm (10-cm) sides and a

volume of 1L. The next smaller cube has 1-cm (10-mm) sides and

a volume of 1cm?® or 1 mL. The smallest cube has 1-mm sides and a volume of 1 mm?.

Note that although there are 10 cm in a decimeter, there are 1000 cm® in a cubic decimeter. This
figure is drawn to scale to give you a sense of the actual dimensions of liters and cubic centimeters.

where d, m, and V denote density, mass, and volume, respectively. The SI-derived unit for density
is the kilogram per cubic meter (kg/m?). This unit is too large for most common uses, however,
so grams per cubic centimeter (g/cm®) and its equivalent, grams per milliliter (z/mL), are used to
express the densities of most solids and liquids. Water, for example, has a density of 1.00 g/cm®

at 4°C. Because gas densities generally are very low, we typically express them in units of grams
per liter (g/L):

1 g/lem® = 1 g/mL = 1000 kg/m’
1 g/L = 0.001 g/mL

Sample Problem 1.3 illustrates density calculations.

1 dm

1dm3=1L
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SAMPLE PROBLEM

Ice cubes float in a glass of water because solid water is less dense than liquid water. (a) Calculate the density of ice given that, at 0°C, a
cube that is 2.0 cm on each side has a mass of 7.36 g, and (b) determine the volume occupied by 23 g of ice at 0°C.

Strategy (a) Determine density by dividing mass by volume (Equation 1.4), and (b) use the calculated density to determine the volume occu-
pied by the given mass.

Setup (a) We are given the mass of the ice cube, but we must calculate its volume from the dimensions given. The volume of the ice cube is
(2.0 cm)?, or 8.0 cm’. (b) Rearranging Equation 1.4 to solve for volume gives V = m/d.

Solution
7.36 g 3 23 g 3
(a) d = 5= 0.92 g/cm or 0.92 g/mL (b) V=————>=25cm or 25 mL
8.0 cm 0.92 g/cm &=

THINK ABOUT IT

For a sample with a density /ess than 1 g/cm3, the number of cubic centimeters should be greater than the number of
grams. In this case, 25 (cm?) > 23 (q).

Practice Problem QTTEMPT Given that 25.0 mL of mercury has a mass of 340.0 g, calculate (a) the density of
mercury and (b) the volume of 155 g of mercury.

Practice Problem GUILD Calculate (a) the density of a solid substance if a cube measuring 2.33 cm on one side has a
mass of 117 g and (b) the mass of a cube of the same substance measuring 7.41 cm on one side.

Practice Problem GONCEPT UALIZE Using the picture of the graduated cylinder and its contents, arrange the
following in order of increasing density: blue liquid, pink liquid, yellow liquid, grey solid, blue solid, green solid.

The following box illustrates the importance of using units carefully in scientific work.

Why Are Units So Important?

On December 11, 1998, NASA launched the 125-million- Commenting on the failure of the Mars mission, one scientist
dollar Mars Climate Orbiter, which was intended to be the said, “This is going to be the cautionary tale that will be embedded
Red Planet’s first weather satellite. After a 416-million- into introduction to the metric system in elementary school, high
mile (mi) journey, the spacecraft was supposed to go school, and college science courses until the end of time.”

al>|m

into Mars’s orbit on September 23, 1999. Instead, it
entered Mars’s atmosphere about 100 km (62 mi) lower
than planned and was destroyed by heat. Mission controllers later
determined that the spacecraft was lost because English measurement
units were not converted to metric units in the navigation software.

Engineers at Lockheed Martin Corporation, who built the
spacecraft, specified its thrust in pounds, which is an English unit
of force. Scientists at NASA’s Jet Propulsion Laboratory, on the
other hand, who were responsible for deployment, had assumed
that the thrust data they were given were expressed in newtons, a
metric unit. To carry out the conversion between pound and
newton, we would start with 1 1b = 0.4536 kg and, from Newton’s
second law of motion,

force = (mass)(acceleration) = (0.4536 kg)(9.81 m/sz)
=445kg - m/s*> =445 N

because 1 newton (N) =1 kg - m/s. Therefore, instead of converting
1 1b of force to 4.45 N, the scientists treated it as a force of 1 N. The
considerably smaller engine thrust employed because of the \ .
engineers’ failure to convert from English to metric units resulted Mars Climate Orbiter during preflight tests.
in a lower orbit and the ultimate destruction of the spacecraft. Source: Jet Propulsion Laboratory/NASA
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1.31  The coldest temperature ever recorded on Earth was 1.3.3 A sample of water is heated from room temperature to just
—128.6°F (recorded at Vostok Station, Antarctica, on below the boiling point. The overall change in temperature
July 21, 1983). Express this temperature in degrees Celsius is 72°C. Express this temperature change in kelvins.
and in kelvins. a) 345 K d) 201 K
a) —89.2°C, —89.2 K d) —173.9°C, 99.3 K b) 72K ) 273 K
b) —289.1°C, —-159 K e) —7.0°C, 266.2 K ¢ 0K
—89.2°C, 1839 K
© ’ 1.3.4  Given that the density of gold is 19.3 g/em’, calculate the
1.3.2 What is the density of an object that has a volume of volume (in cm®) of a gold nugget with a mass of 5.98 g.
34.2 cm’ and f 19.6 g?
o ng s mas o 90e . a) 323 cm’® d) 0310 cm’®
0.573 g/ d) 53.8 g/
2 e ) 338 g o b) 5.98 cm’® e) 133 cm’
b) 1.74 g/ 14.6 g/
) glem ©) glem ¢) 115 em®

¢) 670 g/em®

m The Properties of Matter

Substances are identified by their properties as well as by their composition. Properties of a
substance may be quantitative (measured and expressed with a number) or qualitative (not
requiring explicit measurement).

Physical Properties

Color, melting point, boiling point, and physical state are all physical properties. A physical
property is one that can be observed and measured without changing the identity of a substance.
For example, we can determine the melting point of ice by heating a block of ice and measuring
the temperature at which the ice is converted to water. Liquid water differs from ice in appear-
ance but not in composition; both liquid water and ice are H,O. Melting is a physical change:
one in which the state of matter changes, but the identity of the matter does not change. We
can recover the original ice by cooling the water until it freezes. Therefore, the melting point
of a substance is a physical property. Similarly, when we say that nitrogen dioxide gas is brown,
we are referring to the physical property of color.

Chemical Properties

The statement “Hydrogen gas burns in oxygen gas to form water” describes a chemical property of
hydrogen, because to observe this property we must carry out a chemical change—burning in oxygen
(combustion), in this case. After a chemical change, the original substance (hydrogen gas in this case)
will no longer exist. What remains is a different substance (water, in this case). We cannot recover
the hydrogen gas from the water by means of a physical process, such as boiling or freezing.

Every time we bake cookies, we bring about a chemical change. When heated, the sodium
bicarbonate (baking soda) in cookie dough undergoes a chemical change that produces carbon
dioxide gas. The gas forms numerous little bubbles in the dough during the baking process,
causing the cookies to “rise.” Once the cookies are baked, we cannot recover the sodium bicar-
bonate by cooling the cookies, or by any physical process. When we eat the cookies, we cause
further chemical changes that occur during digestion and metabolism.

Extensive and Intensive Properties

All properties of matter are either extensive or intensive. The measured value of an extensive
property depends on the amount of matter. Mass is an extensive property. More matter means
more mass. Values of the same extensive property can be added together. For example, two gold
nuggets will have a combined mass that is the sum of the masses of each nugget, and the length
of two city buses is the sum of their individual lengths. The value of an extensive property
depends on the amount of matter.
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The value of an intensive property does not depend on the amount of matter. Density and
temperature are intensive properties. Suppose that we have two beakers of water at the same
temperature and we combine them to make a single quantity of water in a larger beaker. The
density and the temperature of the water in the larger combined quantity will be the same as
they were in the two separate beakers. Unlike mass and length, which are additive, temperature,
density, and other intensive properties are not additive. Sample Problem 1.4 shows you how to
differentiate chemical and physical processes.

SAMPLE PROBLEM

The diagram in (a) shows a compound made up of atoms of two elements (represented by the green and red spheres) in the liquid state. Which
of the diagrams in (b) to (d) represent a physical change, and which diagrams represent a chemical change?

@ g | 9 09 © ® @
- °o o |
“ ) 9 o
D ® @0
deen P @ @ (% o||? e @
@ (b) © )

Strategy We review the discussion of physical and chemical changes. A physical change does not change the identity of a substance, whereas
a chemical change does change the identity of a substance.

Setup The diagram in (a) shows a substance that consists of molecules of a compound, each of which contains two different atoms, repre-
sented by green and red spheres. Diagram (b) contains the same number of red and green spheres, but they are not arranged the same way as
in diagram (a). In (b), each molecule is made up of two identical atoms. These are molecules of elements, rather than molecules of a compound.
Diagram (c) also contains the same numbers of red and green spheres as diagram (a). In (c), however, all the atoms are shown as isolated spheres.
These are atoms of elements, rather than molecules of a compound. In diagram (d), the spheres are arranged in molecules, each containing one
red and one green sphere. Although the molecules are farther apart in diagram (d), they are the same molecules as shown in diagram (a).

Solution Diagrams (b) and (c) represent chemical changes. Diagram (d) represents a physical change.

THINK ABOUT IT

A chemical change changes the identity of matter. A physical change does not.

Practice Problem QTTEM PT Which of the following processes is a physical change? (a) evaporation of water; (b) combination of
hydrogen and oxygen gas to produce water; (c) dissolution of sugar in water; (d) separation of sodium chloride (table salt) into its constituent
elements, sodium and chlorine; (e) combustion of sugar to produce carbon dioxide and water.

Practice Problem GU ILD The diagram on the left shows a system prior to a process taking place. Which of the other diagrams [(i) to (iv)]
could represent the system after a physical process; which could represent the system after a chemical process; and which could not represent either?

9 :
» Py - i jjJJJ w99 ‘j o
_) v' )
V:) < 9 < Y J % ® %) J
J ) e e
) < W W oV O 9 9 W o
() (ii) (iii) (iv)

Practice Problem GONCEPTUALIZE The diagram on the right represents the result of a process. Which of the diagrams [(i) to (iii)]
could represent the starting material if the process were physical, and which could represent the starting material if the change were chemical?
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CHECKPOINT — SECTION 1.4

The Properties of Matter

1.41  Which of the following [(a)-(f)] represents a physical
change? (Select all that apply.)

1.4.2 Which of the following [(a)—(f)] represents a chemical
change? (Select all that apply.)
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m Uncertainty in Measurement

Chemistry makes use of two types of numbers: exact and inexact. Exact numbers include num-
bers with defined values, such as 2.54 in the definition 1 inch (in) = 2.54 cm, 1000 in the defi-
nition 1 kg = 1000 g, and 12 in the definition 1 dozen = 12 objects. (The number 1 in each of
these definitions is also an exact number.) Exact numbers also include those that are obtained
by counting. Numbers measured by any method other than counting are inexact.

Measured numbers are inexact because of the measuring devices that are used, the indi-
viduals who use them, or both. For example, a ruler that is poorly calibrated will result in
measurements that are in error—no matter how carefully it is used. Another ruler may be cali-
brated properly but have insufficient resolution for the necessary measurement. Finally, whether
or not an instrument is properly calibrated or has sufficient resolution, there are unavoidable
differences in how different people see and interpret measurements.

Significant Figures

An inexact number must be reported in such a way as to indicate the uncertainty in its value.
This is done using significant figures. Significant figures are the meaningful digits in a reported
number. Consider the measurement of the memory card in Figure 1.11 using the ruler above it.
The card’s width is slightly greater than 2 cm. We may record the width as 2.5 cm, but because
there are no gradations between 2 and 3 cm on this ruler, we are estimating the second digit.
Although we are certain about the 2 in 2.5, we are not certain about the 5. The last digit in a
measured number is referred to as the uncertain digit; and the uncertainty associated with a
measured number is generally considered to be +1 in the place of the last digit. Thus, when we
report the width of the memory card to be 2.5 cm, we are implying that its width is 2.5 + 0.1 cm.
Each of the digits in a measured number, including the uncertain digit, is a significant figure.
The reported width of the card, 2.5 cm, contains two significant figures.

A ruler with millimeter gradations would enable us to be certain about the second digit
in this measurement and to estimate a third digit. Now consider the measurement of the memory
card using the ruler below it. We may record the width as 2.45 cm. Again, we estimate one
digit beyond those we can read. The reported width of 2.45 cm contains three significant figures.
Reporting the width as 2.45 cm implies that the width is 2.45 + 0.01 cm.

Figure 111 The width we report for
the memory card depends on which
ruler we use to measure it.

Student Note: It is important not to
imply greater certainty in a measured
number than is realistic. For example,
it would be inappropriate to report the
width of the memory card in Figure 1.1
as 2.4500 cm, because this would
imply an uncertainty of +0.0001 cm.
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The number of significant figures in any number can be determined using the following
guidelines:

Always Significant Nonzero digits and the zeros between them:

1371 209.51 410.05 10.0011 0.036 0.00501
significant figures 4 5 5 6 2 3

Zeros to the right of nonzero digits in numbers that contain decimal points:

8.300 161.000 0.50 0.0113 309.0 0.0052500
significant figures 4 6 2 3 4 5

Never Significant Zeros to the left of leftmost nonzero digit:

0.00137 | 0.695 | 0.00008 | 0.051050 | 0.006011 0.00090
significant figures 3 3 1 5 4 2

Sometimes Significant Zeros to the right of the rightmost nonzero digit in a number
that does not contain a decimal point may or may not be considered significant, depending
on circumstance. For example, the number 1000 may have anywhere from one to four
significant figures. Without additional information, it is not possible to know. To avoid
ambiguity in such cases, it is best to express such numbers using scientific notation
[» Appendix 1].

1x10° 1.0 x 10° 1.00 x 10° 1.000 x 10°

Student data indicate you may struggle significant figures 1 2 3 4

with significant figures. Access the eBook . L. o . .
to view additional Learning Resources on Sample Problem 1.5 lets you practice determining the number of significant figures in a

this topic. number.

SAMPLE PROBLEM

Determine the number of significant figures in the following measurements: (a) 443 cm, (b) 15.03 g, (c) 0.0356 kg, (d) 3.000 x 107 L,
(e) 50 mL, (f) 0.9550 m.

Strategy All nonzero digits are significant, so the goal will be to determine which of the zeros is significant.

Setup Zeros are significant if they appear between nonzero digits or if they appear after a nonzero digit in a number that contains a decimal
point. Zeros may or may not be significant if they appear to the right of the last nonzero digit in a number that does not contain a decimal point.

Solution (a) 3; (b) 4; (c) 3; (d) 4; (e) 1 or 2, an ambiguous case; (f) 4.

THINK ABOUT IT

Be sure that you have identified zeros correctly as either significant or not significant. They are significant in (b), (d), and (f); they are not
significant in (c); and it is not possible to tell in (e).

Practice Problem QTTEM PT Determine the number of significant figures in the following measurements: (a) 1129 m, (b) 0.0003 kg,
(c) 1.094 cm, (d) 3.5 x 10" atoms, (e) 150 mL, (f) 9.550 km.

Practice Problem GU ILD For each of the following numbers, determine the number of
significant figures it contains, rewrite it without using scientific notation, and determine the
number of significant figures in the result. (a) 3.050 X 107, (b) 4.3200 x 10% (c) 8.001 x 107,
(d) 2.006080 x 10°, (e) 1.503 x 107, (f) 6.07510 x 10*.

Practice Problem eONCEPT UALIZE Report the number of colored objects contained
within each square and, in each case, indicate the number of significant figures in the number
you report.

C om B
O.I‘L
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Calculations with Measured Numbers

Because we often use one or more measured numbers to calculate a desired result, a second set
of guidelines specifies how to handle significant figures in calculations.

1. In addition and subtraction, the answer cannot have more digits to the right of the decimal
point than the original number with the smallest number of digits to the right of the
decimal point. For example:

102.50 « two digits after the decimal point
+ 0.231 < three digits after the decimal point

102.731 <« round to 102.73

143.29 « two digits after the decimal point
— 20.1 « one digit after the decimal point

123.19 « round to 123.2

The rounding procedure works as follows. Suppose we want to round 102.13 and 54.86
each to one digit to the right of the decimal point. To begin, we look at the digit(s) that
will be dropped. If the leftmost digit to be dropped is less than 5, as in 102.13, we round
down (to 102.1), meaning that we simply drop the digit(s). If the leftmost digit to be
dropped is equal to or greater than 5, as in 54.86, we round up (to 54.9), meaning that
we add 1 to the preceding digit.

2. In multiplication and division, the number of significant figures in the final product or
quotient is determined by the original number that has the smallest number of significant
figures. The following examples illustrate this rule:

1.4 x 8.011 = 11.2154 « round to 11 (limited by 1.4 to two significant figures)
11.57

305.88

= 0.037825290964 « round to 0.03783 (limited by 11.57 to four significant
figures)

3. Exact numbers can be considered to have an infinite number of significant figures and do
not limit the number of significant figures in a calculated result. For example, a penny
minted after 1982 has a mass of 2.5 g. If we have three such pennies, the total mass is e s e e T s

number of pennies (3), not the mass,

3x25g=75¢ that is an exact number.

The answer should not be rounded to one significant figure because 3 is an exact number.

4. In calculations with multiple steps, rounding the result of each step can result in “round-
ing error.” Consider the following two-step calculation:

First step: AXB=C
Second step: C XD =FE

Suppose that A = 3.66, B = 8.45, and D = 2.11. The value of E depends on whether we
round the value of C prior to using it in the second step of the calculation (Method 1) or
not (Method 2).

Method 1 Method 2

C=3.66x845=309 C=23.66x845=30093
E=309x211=652 E=3093 %211 =653

In general, it is best to retain at least one extra digit until the end of a multistep calcula-
tion, as shown by Method 2, to minimize rounding error.
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(=l What’s Significant About Significant Figures?

The rules regarding significant figures in calculations
A may seem arbitrary, but their purpose is to ensure that
scientific information is not reported with more
certainty than is appropriate.

Consider the following measurements of the di-
mensions of a box. The length and width of the box are
10.10 cm and 10.15 cm, respectively. The depth of the box is 1.95 cm.

Recall that the implied uncertainty in a measured number lies

[\
(=]

Multiplying these dimensions to calculate the volume of the
box gives:

10.10 cm X 10.15 ¢cm X 1.95 cm = 199.90425 cm?®

The implied uncertainty in the resulting number, expressed
as a percentage, is

0.00001 ¢cm®
M 100% ~ 5.0 x 107°%

3
in the last significant figure, and that it is generally considered to 199.90425 cm

be +1 (in the last digit). Therefore, the uncertainty implied by each
of these measured numbers is +0.01 cm. We can express this un-
certainty as a percentage of each number as follows:

This implied uncertainty is far too small. Our result cannot
be more certain than the numbers that were used to calculate it.
Rounding to just three significant figures, as per the rule for

0.01 cm multiplication, gives a volume of 2.00 X 10? cm®, with an implied
10.10 cm x 100% ~ 0.099% uncertainty of

0.01 cm 1 cm?®

P ~ ——— X 100% ~ 0.50%

10,15 om < 100% ~ 0.099% 2.00 x 10° cm® ’ ’

0.01 cm This uncertainty is comparable to that of the box depth—the

X 100% ~ 0.51%

1.95 cm least certain of the measured dimensions.

Sample Problems 1.6 and 1.7 show how significant figures are handled in arithmetic
operations.

SAMPLE PROBLEM

Perform the following arithmetic operations and report the result to the proper number of significant figures: (a) 317.5 mL + 0.675 mL,
(b) 47.80 L — 2.075 L, (c) 13.5 g + 45.18 L, (d) 6.25 cm X 1.175 cm, (e) 5.46 x 10* g + 4.991 x 10° g.

Strategy Apply the rules for significant figures in calculations, and round each answer to the appropriate number of digits.

Setup (a) The answer will contain one digit to the right of the decimal point to match 317.5, which has the fewest digits to the right of the deci-
mal point. (b) The answer will contain two digits to the right of the decimal point to match 47.80. (c) The answer will contain three significant
figures to match 13.5, which has the fewest number of significant figures in the calculation. (d) The answer will contain three significant figures
to match 6.25. (e) To add numbers expressed in scientific notation, first write both numbers to the same power of 10. That is, 4.991 x 10* =
49.91 x 10%, so the answer will contain two digits to the right of the decimal point (when multiplied by 10%) to match both 5.46 and 49.91.

Solution
() SHTe 2t D38 _ (208804781 d 10 0.2
+ 0.675 mL (c) m— .29 781 g/L « round to 0.299 g/L
318.175 mL < round to 318.2 mL (d) 6.25 cm x 1.175 cm = 7.34375 cm> < round to 7.34 cm?
(b) 47.80 mL () 546 x10°g
—-2.075 mL +49.91 x 10* g
45725L < round to 45.73 L 5537 x 10> g = 5.537 x 10° g

THINK ABOUT IT

It may look as though the rule of addition has been violated in part (e) because the final answer (5.537 x 10° g) has three places past
the decimal point, not two. However, the rule was applied to get the answer 55.37 X 10? g, which has four significant figures. Changing
the answer to correct scientific notation doesn’t change the number of significant figures, but in this case it changes the number of
places past the decimal point.

Practice Problem QTTE MPT Perform the following arithmetic operations, and report the result to the proper number of significant figures:
(@) 105.5 L + 10.65 L, (b) 81.058 m — 0.35 m, (c) 3.801 x 10*! atoms + 1.228 x 10'° atoms, (d) 1.255 dm X 25 dm, (e) 139 g + 27555 mL.

Practice Problem GUILD Perform the following arithmetic operations, and report the result to the proper number of significant figures:
(a) 1.0267 cm x 2.508 cm X 12.599 cm, (b) 15.0 kg + 0.036 m’, (c) 1.113 x 10" kg — 1.050 x 10’ kg, (d) 25.75 mL + 15.00 mL,
(e) 46 cm® + 180.5 cm’.

Practice Problem GONCEPT UALIZE A citrus dealer in Florida sells boxes of 100 oranges at a roadside stand. The boxes routinely are
packed with one to three extra oranges to help ensure that customers are happy with their purchases. The average weight of an orange is 7.2 ounces,
and the average weight of the boxes in which the oranges are packed is 3.2 pounds. Determine the total weight of five of these 100-orange boxes.
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SAMPLE PROBLEM

An empty container with a volume of 9.850 x 10* cm® is weighed and found to have a mass of 124.6 g. The container is filled with a gas and
reweighed. The mass of the container and the gas is 126.5 g. Determine the density of the gas to the appropriate number of significant figures.
Strategy This problem requires two steps: subtraction to determine the mass of the gas, and division to determine its density. Apply the cor-

responding rule regarding significant figures to each step.

Setup In the subtraction of the container mass from the combined mass of the container and the gas, the result can have only one place past

the decimal point: 126.5 g — 124.6 g = 1.9 g. Thus, in the division of the mass of the gas by the volume of the container, the result can have

only two significant figures.

Solution
1265 g
—1246 g
mass of gas = 1.9 g <« one place past the decimal point (two significant figures)

19¢ 3 2
5 = 0.00193 g/lem” « round to 0.0019 g/cm

density = ———
Y= 9.850 x 102 cm

The density of the gas is 1.9 x 10~ g/em’.

THINK ABOUT IT

In this case, although each of the three numbers we started with has four significant figures, the solution has only two significant figures.

Practice Problem QTT EMPT An empty container with a volume of
150.0 e’ is weighed and found to have a mass of 72.5 g. The container is filled
with a liquid and reweighed. The mass of the container and the liquid is 194.3 g.
Determine the density of the liquid to the appropriate number of significant figures.

Practice Problem eU ILD Another empty container with an unknown
volume is weighed and found to have a mass of 81.2 g. The container is then
filled with a liquid with a density of 1.015 g/cm® and reweighed. The mass of
the container and the liquid is 177.9 g. Determine the volume of the
container to the appropriate number of significant figures.

Practice Problem GONCEPT UALIZE A solid block of a heat-
resistant plastic with a total mass of 8.172 g is dropped into a graduated
cylinder of water to determine its volume. The graduated cylinder is shown
before and after the plastic has been added. Use the information shown here
to determine the density of the plastic. Be sure to report your answer to the
appropriate number of significant figures.

Accuracy and Precision

Accuracy and precision are two ways to gauge the quality of a set of measured numbers.
Although the difference between the two terms may be subtle, it is important. Accuracy tells
us how close a measurement is to the true value. Precision tells us how close multiple measure-
ments of the same thing are to one another (Figure 1.12).

Suppose that three students are asked to determine the mass of an aspirin tablet. Each
student weighs the aspirin tablet three times. The results (in grams) are

Student A Student B Student C
0.335 0.357 0.369
0.331 0.375 0.373
0.333 0.338 0.371
Average value 0.333 0.357 0.371

The true mass of the tablet is 0.370 g. Student A’s results are more precise than those of
student B, but neither set of results is very accurate. Student C’s results are both precise (very small
deviation of individual masses from the average mass) and accurate (average value very close to
the true value). Figure 1.13 shows all three students’ results in relation to the true mass of the tablet.
Highly accurate measurements are usually precise, as well, although highly precise measurements
do not necessarily guarantee accurate results. For example, an improperly calibrated meterstick or
a faulty balance may give precise readings that are significantly different from the correct value.
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() (b)

Figure 112 The distribution of papers shows the difference between accuracy and precision. (a) Good accuracy and good
precision. (b) Poor accuracy but good precision. (c) Poor accuracy and poor precision.

0.380

Student A Student B Student C 0%
0.360

Measurement 1 0335¢g 0.357 g 0.369 g ¢
0.350

0.340 @ Py
0.330

0.320
0.310
0.300

Measurement 2 0331g 0375 g 0373 g

Mass (g)

Measurement 3 0333 ¢ 0.338 g 0371 g

{ Measured mass

® True mass

B
Student

Figure 113 Graphing the students’ data illustrates the difference between precision and accuracy. Student A's results are
precise (values are close to one another) but not accurate because the average value is far from the true value. Student B’s
results are neither precise nor accurate. Student C’s results are both precise and accurate.

CHECKPOINT — SECTION 1.5 Uncertainty in Measurement

1.51 What volume of water does the graduated cylinder contain

(to the proper number of significant figures)? ¢
a) 32.2 mL e
b) 30.25 mL 5
¢) 325 mL ) ¢ b $
d) 32.50 mL ¢
e) 32.500 mL
X
1.5.2  Which of the following is the sum of the following a) red, green d) purple, purple

numbers to the correct number of significant figures?
b) green, green e) purple, green

3.115 + 0.2281 + 7125 + 45 = c) green, purple

.8431 .
a) 760.843 d) 7608 1.5.4 What is the result of the following calculation to the
b) 760.843 e) 761 correct number of significant figures?
c) 760.84

(6.266 — 6.261) + 522.0 =

1.5.3 The true dependence of y on x is represented by the line. a) 9.5785 x 10°° d) 9.6 x 1076
Three students measured y as a function of x and plotted 6 s
their data on the graph. Which set of data has the best b) 9.579 x 10 e) 1x10
accuracy and which has the best precision, respectively? ¢) 9.58 x 107°
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m Using Units and Solving Problems

Solving problems correctly in chemistry requires careful manipulation of both numbers and
units. Paying attention to the units will benefit you greatly as you proceed through this, or any
other, science course.

Conversion Factors

A conversion factor is a fraction in which the same quantity is expressed one way in the numera-
tor and another way in the denominator. By definition, for example, 1 in = 2.54 cm. We can
derive a conversion factor from this equality by writing it as the following fraction:

1in
2.54 cm

Because the numerator and denominator express the same length, this fraction is equal to 1; as
a result, we can equally well write the conversion factor as

2.54 cm
1 in
Because both forms of this conversion factor are equal to 1, we can multiply a quantity by either
form without changing the value of that quantity. This is useful for changing the units in which
a given quantity is expressed—something you will do often throughout this text. For instance,
if we need to convert a length from inches to centimeters, we multiply the length in inches by
the appropriate conversion factor.

. 2.54 cm
12.00 i1 X ——— = 3048 cm
1 in

We chose the form of the conversion factor that cancels the unit inches and produces the desired
unit, centimeters. The result contains four significant figures because exact numbers, such as
those obtained from definitions, do not limit the number of significant figures in the result of
a calculation. Thus, the number of significant figures in the answer to this calculation is based
on the number 12.00, not the number 2.54.

Dimensional Analysis—Tracking Units

The use of conversion factors in problem solving is called dimensional analysis or the factor-
label method. Many problems require the use of more than one conversion factor. The conversion
of 12.00 inches into meters, for example, takes two steps: one to convert inches to centimeters,
which we have already demonstrated, and one to convert centimeters to meters. The additional
conversion factor required is derived from the equality

I m =100 cm
and is expressed as either

100 cm I m
or
1m 100 cm

We must choose the conversion factor that will introduce the unit meter and cancel the unit
centimeter (i.e., the one on the right). We can set up a problem of this type as the following
series of unit conversions so that it is unnecessary to calculate an intermediate answer at
each step:

2.54cﬁix I m
1 it 100 cm1

12.00 irf X = 0.3048 m

Careful tracking of units and their cancellation can be a valuable tool in checking your work.
If we had accidentally used the reciprocal of one of the conversion factors, the resulting units
would have been something other than meters. Unexpected or nonsensical units can reveal an
error in your problem-solving strategy.

Student Note: If we had accidentally
used the reciprocal of the conversion
from centimeters to meters, the result
would have been 3048 cm?/m, which
would make no sense—both because
the units are nonsensical and because
the numerical result is not reasonable.
You know that 12 inches is a foot and
that a foot is not equal to thousands
of meters!

23
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Sample Problem 1.8 shows how to derive conversion factors and use them to do unit
conversions.

SAMPLE PROBLEM

The Food and Drug Administration (FDA) recommends that dietary sodium intake be no more than 2400 mg per day. What is this mass in
pounds (1b)? (1 1b = 453.6 g)

Strategy This problem requires a two-step dimensional analysis, because we must convert milligrams to grams and then grams to pounds.
Assume the number 2400 has four significant figures.

Setup The necessary conversion factors are derived from the equalities 1 g = 1000 mg and 1 Ib = 453.6 g.
lg 1000 mg 11b 453.6 g

d
1000mg O 1g M 45362 T 1D

From each pair of conversion factors, we select the one that will result in the proper unit cancellation.

Solution

lg b
1000 mg ~ 453.6 &

2400 mg X = 0.005291 Ib

THINK ABOUT IT

Make sure that the magnitude of the result is reasonable and that the units have canceled properly. Because pounds are much larger
than milligrams, a given mass will be a much smaller number of pounds than of milligrams. If we had mistakenly multiplied by 1000 and
453.6 instead of dividing by them, the result (2400 mg x 1000 mg/g x 453.6 g/lb = 1.089 x 10° mg?Ib) would be unreasonably large—
and the units would not have canceled properly.

Practice Problem QTTE MPT The American Heart Association recommends that healthy adults limit dietary cholesterol to no more than
300 mg per day. Convert this mass of cholesterol to ounces (1 oz = 28.3459 g). Assume 300 mg has just one significant figure.

Practice Problem GUILD An object has a mass of 24.98 oz. What is its mass in grams?
Practice Problem GONCEPT UALIZE The diagram contains several objects that are ; ;
N

constructed using colored blocks and grey connectors. Note that each of the objects is essentially

—

identical, consisting of the same number and arrangement of blocks and connectors. Give the
appropriate conversion factor for each of the specified operations. f

(a) We know the number of objects and wish to determine the number of red blocks. \ /‘/‘
(b) We know the number of yellow blocks and wish to determine the number of objects. \ /‘/‘ ‘/Q/ \
(c) We know the number of yellow blocks and wish to determine the number of white blocks. ‘/‘/ \

(d) We know the number of grey connectors and wish to determine the number of yellow blocks.

Many familiar quantities require units raised to specific powers. For example, an area may
be expressed in units of length squared (e.g., square meters, m>, or square inches, in”). Volumes
sometimes are expressed in units of length cubed (e.g., cubic feet, ft, or cubic centimeters, cm3).
More often, though, volumes are expressed in liters (L) or milliliters (mL). It’s important to
remember that these are the common names given to specific units of length cubed. The liter is
defined as a decimeter (dm) cubed: 1 L = 1 dm®; and the milliliter is defined as the centimeter
cubed: 1 mL = 1 cm’. (See Figure 1.10.) When units are squared or cubed, special care must be
taken when using them in dimensional analysis. For example, converting from cubic meters to
cubic centimeters requires the following operation:

| 3><lOOcm 100cm 100 cm
m

X X =1.00 x 10° cm’®
1m 1m 1m

or

: 100 cm \’ 6 3
1m’ X 17 =1.00 X 10° cm
m
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Failing to raise the conversion factor to the same power as the unit itself is a common
error—and one that can happen easily when the units L or mL. appear—because they do not
explicitly show the power 3.

Sample Problem 1.9 shows how to handle problems in which conversion factors are
squared or cubed in dimensional analysis.

SAMPLE PROBLEM

An average adult has 5.2 L of blood. What is the volume of blood in cubic meters?

Strategy There are several ways to solve a problem such as this. One way is to convert liters to cubic centimeters and then cubic centimeters
to cubic meters.

Setup 1L = 1000 cm® and 1 cm = 1 x 107> m. When a unit is raised to a power, the corresponding conversion factor must also be raised to
that power in order for the units to cancel appropriately.

Solution

1 2 1x1072
s 5 1000 cm < x 102 m

3
) =52x 107 m’
1L

1 cm

THINK ABOUT IT

Based on the preceding conversion factors, 1L =1 X 1073 m>. Therefore, 5 L of blood would be equal to 5 x 10~ m*, which is very
close to the calculated answer.

Practice Problem oTTEMPT The density of silver is 10.5 g/cm®. What is its
density in kg/m??

Practice Problem GUILD The density of mercury is 13.6 g/cm’. What is its \ ) J Y
density in mg/mm’? y

Practice Problem (@ONCEPTUALIZE Each diagram [(i) or (ii)] shows the ) )

objects contained within a cubical space. In each case, determine to the appropriate
number of significant figures the number of objects that would be contained within
a cubical space in which the length of the cube’s edge is exactly five times that of
the cube shown in the diagram.

® (ii)

CHECKPOINT — SECTION 1.6

Using Units and Solving Problems

1.64  The density of lithium metal is 535 kg/m®. What is this
density in g/cm’?

1.6.3 What is the volume of a 5.75-g object that has a density
of 3.97 g/em*?

1.6.2

a) 0.000535 g/em® a) 1.45 cm’
b) 0.535 g/em’® b) 0.690 cm?®
¢) 0.0535 g/em® ¢) 22.8 em®
d) 0.54 g/em® d) 0.0438 cm®
e) 53.5 g/crn3 e) 5.75 cm®

Convert 43.1 cm’ to liters.

How many cubic centimeters are there in a cubic meter?

a) 43.1L a) 10

b) 43,100 L b) 100

c) 0.0431 L ¢) 1000
d) 4310 L d) 1x 10
e) 0.043L e) 1 x10°

25
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Chapter Summary

Section 11
e Chemistry is the study of matter and the changes matter undergoes.

¢ Chemists go about research using a set of guidelines and practices
known as the scientific method, in which observations give rise to
laws, data give rise to hypotheses, hypotheses are tested with
experiments, and successful hypotheses give rise to theories, which
are further tested by experiment.

Section 1.2

* All matter exists either as a substance or as a mixture of substances.
Substances may be elements (containing only one kind of atom) or
compounds (containing two or more kinds of atoms). A mixture may
be homogeneous (a solution) or heterogeneous. Mixtures may be
separated using physical processes. Compounds can be separated into
their constituent elements using chemical processes. Elements cannot
be separated into simpler substances.

Section 1.3

e Scientists use a system of units referred to as the International System
of Units or SI units.

e There are seven base SI units including the kilogram (for mass) and
the kelvin (for temperature). SI units for such quantities as volume and
density are derived from the base units.

Section 1.4

¢ Substances are identified by their quantitative (involving numbers)
and qualitative (not involving numbers) properties.

Physical properties are those that can be determined without the
matter in question undergoing a chemical change. A physical
change is one in which the identity of the matter involved does
not change.

Chemical properties are determined only as the result of a chemical
change, in which the original substance is converted to a different
substance. Physical and chemical properties may be extensive
(dependent on the amount of matter) or intensive (independent of
the amount of matter).

Section 1.5

Measured numbers are inexact. Numbers obtained by counting or that
are part of a definition are exact numbers.

Significant figures are used to specify the uncertainty in a measured
number or in a number calculated using measured numbers. Significant
figures must be carried through calculations such that the implied
uncertainty in the final answer is reasonable.

Accuracy refers to how close measured numbers are to a true
value. Precision refers to how close measured numbers are to
one another.

Section 1.6

A conversion factor is a fraction in which the numerator and
denominator are the same quantity expressed in different units.
Multiplying by a conversion factor is unit conversion.

Dimensional analysis is a series of unit conversions used in the
solution of a multistep problem.




Accuracy, 21 Element, 7

Chemical change, 15 Extensive property, 15
Chemical property, 15 Heterogeneous mixture, 8
Chemistry, 4 Homogeneous mixture, 8
Compound, 7 Hypothesis, 6

Conversion factor, 23 Intensive property, 16

Density, 12 International System of Units, 9
Dimensional analysis, 23 Kelvin, 10

Key Equations

Law, 6 Quantitative property, 15
Mass, 9 Scientific method, 6
Matter, 4 Significant figures, 17
Mixture, 8 SI unit, 9

Physical change, 15 Substance, 6

Physical property, 15 Theory, 6

Precision, 21

Qualitative property, 15
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Key Equations

11 K=°C+273.15

o,

9°F

1.2 temp in °C = (temp °F — 32°F) X

o

5°C

1.3 temp in °F = X (temp in °C) + 32°F

144=2
%

Temperature in kelvins is determined by adding 273.15 to the
temperature in Celsius. Often we simply add 273, depending on the
precision with which the Celsius temperature is known.

Temperature in Fahrenheit is used to determine temperature in
Celsius.

Temperature in Celsius is used to determine temperature in
Fahrenheit.

Density is the ratio of mass to volume. For liquids and solids,
densities are typically expressed in g/cm’.




Solving problems in chemistry often involves mathematical combinations of measured values and constants. A conversion factor is a

Dimensional Analysis

fraction (equal to one) derived from an equality. For example, 1 inch is, by definition, equal to 2.54 centimeters:

We can derive two different conversion factors from this equality:

11in = 2.54 cm
11in 2.54 cm
2.54 cm of 1in

Which fraction we use depends on what units we start with, and what units we expect our result to have. If we are converting a
distance given in centimeters to inches, we multiply by the first fraction.

37.6 cm

1in
2.54 cm

/

14.8 in

If we are converting a distance given in inches to centimeters, we multiply by the second fraction.

5.23 in

2.54 cm
1in 4

13.3 cm

In each case, the units cancel to give the desired units in the result.

When a unit is raised to a power to express, for example, an area (cm?) or a volume (cm?), the conversion factor must be raised to
the same power. For example, converting an area expressed in square centimeters to square inches requires that we square the

conversion factor; converting a volume expressed in cubic centimeters to cubic meters requires that we cube the conversion factor.
The following individual flowcharts converting an area in cm® to m? show why this is so:

48.5 cm?

28

el < g 1in (S 1in y 1in
‘e M 254cm) [ 254cm 2.54 cm
L
48.5 x g ng 0 e 52 in2
~ T 1 254cm 254cm ki ™
el




L N
380.75 cm? = 380.75 cm X cm X cm
—11
1 m N 1m « 1m 9 I1m
100 cm —( 100 cm 100 cm 100 cm
380.75 x x w | Im § o lm N 8075 x 1074 m?
o cm + 100 cm 100 cm 100em > 3
V.

Failure to raise the conversion factor to the appropriate power would result in units not canceling properly.

Often the solution to a problem requires several different conversions, which can be combined on a single line. For example: If we
know that a 157-Ib athlete running at 7.09 miles per hour consumes 55.8 cm® of oxygen per kilogram of body weight for every
minute spent running, we can calculate how many liters of oxygen this athlete consumes by running 10.5 miles (1 kg = 2.2046 Ib,

1L =1dm’.

1kg

71 X 504616

353 dm?

353 L

Key Skills Problems

1.1
Given that the density of gold is 19.3 g/cm®, calculate the volume
(in cm®) of a gold nugget with a mass of 5.98 g.

(a) 3.23 cm® (b) 5.98 cm® (¢) 115 cm® (d) 0.310 cm® (e) 13.3 cm?®

1.2

The SI unit for energy is the joule (J), which is equal to the kinetic
energy possessed by a 2.00-kg mass moving at 1.00 m/s. Convert
this velocity to mph (1 mi = 1.609 km).

(a) 4.47 x 107 mph (b) 5.79 x 10° mph (c) 5.79 mph
(d) 0.0373 mph (e) 2.24 mph

1.3
Determine the density of the following object in g/cm®. A cube
with edge length = 0.750 m and mass = 14.56 kg.

(a) 0.0345 g/em’ (b) 1.74 glem® (c) 670 g/em?® (d) 53.8 g/em®
(e) 14.6 g/cm’

1.4

A 28-kg child can consume a maximum of 23 children’s
acetaminophen tablets in an 8-h period without exceeding the
safety-limit maximum allowable dose. Given that each children’s
tablet contains 80 mg of acetaminophen, determine the maximum
allowable dose in mg per pound of body weight for one day.

(a) 80 mg/lb (b) 90 mg/Ib (c) 430 mg/1b (d) 720 mg/Ib (e) 3.7 mg/lb

29
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Questions and Problems

ﬁ% =¥ Applying What You've Learned

e . T . . . .
s===== Those who describe themselves as “skeptical” about climate change sometimes posit that global temperature change is

= normal, and that any observed increase in temperature is simply the result of natural processes—outside the control of
humans. However, there is an enormous body of climate research that clearly demonstrates otherwise. One line of inquiry that has
helped to established the connection between human activity and so-called “global warming” involves what is known as vertical
structure of temperature.

Earth’s atmosphere is divided into a series of altitudinal layers: the troposphere (ground-level to 8—14.5 km), the stratosphere
(top of the troposphere—50 km), the mesosphere (50-80 km), the thermosphere (80-700 km), and the exosphere (700—10,000 km).
The two layers closest to the planet, the troposphere and the stratosphere, are those most important to our discussion of global climate
change. The troposphere is where we live, where weather events occur, and where nearly all human activity takes place. When we
burn fossil fuels, we increase the amount of CO, in the troposphere.

In 1988, atmospheric scientist V. Ramanathan, now of the Scripps Institution of Oceanography at the University of California,
San Diego, proposed that global temperature change caused by the anthropogenic increase in atmospheric CO, could be readily
distinguished from that caused by natural events, such as increased solar activity. Global temperature increase caused by the sun, he
reasoned, would occur in both the troposphere and the stratosphere. Conversely, changes caused by the enhanced greenhouse effect
(the result of increased atmospheric CO, concentration) would cause warming of the troposphere; but cooling of the stratosphere—
because more of the heat radiating from Earth’s surface would be trapped by greenhouse gases in the troposphere, thus never reach-
ing the stratosphere. Indeed, temperature monitoring over several decades has demonstrated an increase in tropospheric temperature,
and a decrease in stratospheric temperature. This is one of the observations that climate scientists refer to as a human fingerprint on
global climate change.

At present, a typical temperature at the very top of the troposphere is —53.2°C. (a) Convert this temperature to the Kelvin scale
[l44 Sample Problem 1.1]. (b) Temperature data compiled since the 1950s indicate that the troposphere has warmed by 0.14°C per
decade, and that the lower stratosphere has cooled by as much as 0.20°C per decade. Express these temperature changes in degrees
Fahrenheit [« Sample Problem 1.2]. (c) A 1.250-L sample of air collected at sea level has a mass of 1.53 g. Determine the density
of this air sample in g/L, in g/cm’, and in kg/m’ [« Sample Problem 1.7]. (Be sure to report your answer to the proper number of
significant figures.) (d) In the lowest part of the troposphere, near sea level, there are roughly 4.4 x 10** molecules per cubic inch of
air. Convert this figure to molecules per cubic centimeter. [l44 Sample Problem 1.9].

SECTION 14: THE STUDY OF CHEMISTRY 1.6 Identify the elements present in the following molecules

Review Questions (see Table 1.1).

1.1 Define the terms chemistry and matter. Y
1.2 Explain what is meant by the scientific method. ‘ /*. .
1.3 What is the difference between a hypothesis and a ' < udie ) < “‘\) OEQ

9
theory? (a) (b) (©) (d)

Conceptual Problems

. . . 1.7 Identify the elements present in the following molecules
1.4 Classify each of the following statements as a hypothesis, (see Table 1.1)

law, or theory. (a) All matter is composed of very small
particles called atoms. (b) English Romantic poet John i~ Y -
Keats would have started writing novels had he not died m il ‘ /Q. 9
at age 25. (c) The planets in our solar system move about (a) b) (© (d
the sun in elliptical orbits.
1.5 Classify each of the following statements as a
hypothesis, law, or theory. (a) Chimpanzees can be SECTION 1.2: CLASSIFICATION OF MATTER
taught to communicate using human languages. (b) The

. .. . . . Review ion
force acting on an object is equal to its mass times its eview Questions

acceleration. (c) An individual with a trait that gives it a 1.8  Give an example for each of the following terms:
reproductive advantage will pass that trait on to its (a) matter, (b) substance, (c) mixture.
offspring, increasing the frequency of the trait in 1.9 Give an example of a homogeneous mixture and an

subsequent generations. example of a heterogeneous mixture.



1.10  Give an example of an element and a compound. How
do elements and compounds differ?
1.11  What is the number of known elements?

Computational Problems

1.12  Give the names of the elements represented by the
chemical symbols Li, F, P, Cu, As, Zn, CI, Pt, Mg, U,
Al Si, Ne (see the table at the beginning of the book).

1.13  Give the chemical symbols for the following elements:
(a) potassium, (b) tin, (c) chromium, (d) boron,

(e) barium, (f) plutonium, (g) sulfur, (h) argon,
(i) mercury.

1.14  Classify each of the following substances as an element
or a compound: (a) hydrogen, (b) water, (c) gold,
(d) sugar.

1.15 Classify each of the following as an element, a
compound, a homogeneous mixture, or a heterogeneous
mixture: (a) seawater, (b) helium gas, (c) sodium
chloride (salt), (d) a bottle of soft drink, (¢) a milkshake,
(f) air in a bottle, (g) concrete.

Conceptual Problems

1.16 Identify each of the diagrams shown here as a solid,
liquid, gas, or mixture of two substances.

:
» 00 % @
® ® 0\‘.0.:.0.‘."
~ ) ~ <
0095 Y .:.o ,..,. .
909,90 © o % 99000° <
0002 ¢ o 000 .0 0
97909 o ) " 00 o “Jow

(a) (b) (©) )

1.17 Identify each of the diagrams shown here as an element
or a compound.

¢ /

() (b) (© (d)

SECTION 1.3: SCIENTIFIC MEASUREMENT
Review Questions

1.18 Name the SI base units that are important in chemistry,
and give the SI units for expressing the following:
(a) length, (b) volume, (c) mass, (d) time,

(e) temperature.

1.19  Write the numbers represented by the following
prefixes: (a) mega-, (b) kilo-, (¢) deci-, (d) centi-,
(e) milli-, (f) micro-, (g) nano-, (h) pico-.

1.20  What units do chemists normally use for the density of
liquids and solids? For the density of gas? Explain the
differences.

1.21  What is the difference between mass and weight? If a
person weighs 168 1b on Earth, about how much would
the person weigh on the moon?

1.22  Describe the three temperature scales used in the
laboratory and in everyday life: the Fahrenheit, Celsius,
and Kelvin scales.

Questions and Problems 31

Computational Problems

1.23 Mercury is the only metal that is a liquid at room
temperature. Calculate its density (in g/mL) if a 349.2-g
sample of mercury occupies 25.75 mL.

1.24  The density of a particular brand of olive oil is 0.925 g/mL.
Calculate the mass of 515 mL of the liquid.

1.25 Convert the following temperatures to degrees Celsius
or Fahrenheit: (a) 95°F, the temperature on a hot
summer day; (b) 12°F, the temperature on a cold winter
day; (c) a 102°F fever; (d) a furnace operating at 1852°F;
(e) —273.15°C (theoretically the lowest attainable
temperature).

1.26  (a) Normally the human body can endure a temperature
of 105°F for only short periods of time without
permanent damage to the brain and other vital organs.
What is this temperature in degrees Celsius? (b) Ethylene
glycol is a liquid organic compound that is used as an
antifreeze in car radiators. It freezes at —11.5°C. Calculate
its freezing temperature in degrees Fahrenheit. (c) The
temperature on the surface of the sun is about 6300°C.
What is this temperature in degrees Fahrenheit?

1.27 The density of water at 84°C is 0.969 g/mL. What is the
volume of 67.0 g of water at this temperature?

1.28  The density of copper (Cu) is 8.96 g/cm® at 25°C. What
is the mass of a piece of copper that occupies 35.3 cm®
at this temperature?

1.29  Convert the following temperatures to kelvin: (a) 115.21°C,
the melting point of sulfur; (b) 37°C, the normal body
temperature; (c) 357°C, the boiling point of mercury.

1.30  Convert the following temperatures to degrees Celsius:
(a) 77 K, the boiling point of liquid nitrogen, (b) 4.22 K,
the boiling point of liquid helium, (c) 600.61 K, the
melting point of lead.

Conceptual Problems

1.31 Which of the following illustrations best represents the
measurement of the temperature of boiling water using
Celsius (blue) and Kelvin (red) scales? Explain.

100K 100°C =

1.32  The diagram shows balls of aluminum foil dropped into
water. In one case, the ball floats on the water; in the
other case, it has been squeezed into a smaller ball and
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sinks. What does this indicate about the relative
densities of the two aluminum-foil balls? Does this
mean that the density of aluminum is not constant?
Explain.

SECTION 1.4: THE PROPERTIES OF MATTER

Review Questions

1.33

1.34

1.35

1.36

What is the difference between qualitative data and
quantitative data?

Using examples, explain the difference between a
physical property and a chemical property.

How does an intensive property differ from an extensive
property?

Determine which of the following properties are
intensive and which are extensive: (a) length,

(b) volume, (c) temperature, (d) mass.

Conceptual Problems

1.37

1.38

1.39

1.40

1.41

Classify the following as qualitative or quantitative
statements, giving your reasons. (a) The sun is
approximately 93 million mi from Earth. (b) Leonardo
da Vinci was a better painter than Michelangelo.

(c) Ice is less dense than water. (d) Butter tastes better
than margarine. (e) A stitch in time saves nine.
Determine whether the following statements
describe chemical or physical properties: (a) Oxygen
gas supports combustion. (b) Fertilizers help to
increase agricultural production. (c) Water boils
below 100°C on top of a mountain. (d) Lead is
denser than aluminum. (e) Uranium is a radioactive
element.

Determine whether each of the following describes

a physical change or a chemical change: (a) The
helium gas inside a balloon tends to leak out after

a few hours. (b) A flashlight beam slowly gets dimmer
and finally goes out. (c) Frozen orange juice is
reconstituted by adding water to it. (d) The growth of
plants depends on the sun’s energy in a process called
photosynthesis. (e) A spoonful of salt dissolves in

a bowl of soup.

A student pours 44.3 g of water at 10°C into a beaker
containing 115.2 g of water at 10°C. What are the final
mass, temperature, and density of the combined water?
The density of water at 10°C is 1.00 g/mL.

A 37.2-g sample of lead (Pb) pellets at 20°C is mixed
with a 62.7-g sample of lead pellets at the same
temperature. What are the final mass, temperature, and
density of the combined sample? The density of Pb at
20°C is 11.35 g/em’.

SECTION 1.5: UNCERTAINTY IN MEASUREMENT

Review Questions

1.42

1.43

1.44

1.45

Comment on whether each of the following statements
represents an exact number: (a) 50,247 tickets were sold
at a sporting event, (b) 509.2 mL of water was used to
make a birthday cake, (c) 3 dozen eggs were used to
make a breakfast, (d) 0.41 g of oxygen was inhaled in
each breath, (e) One inch is equal to 2.54 cm.

What is the advantage of using scientific notation over
decimal notation?

Define significant figure. Discuss the importance of
using the proper number of significant figures in
measurements and calculations.

Distinguish between the terms accuracy and precision.
In general, explain why a precise measurement does
not always guarantee an accurate result.

Computational Problems

1.46

147

1.48

1.49

1.50

1.51

1.52

1.53

1.54

Express the following numbers in scientific notation:
(a) 0.000000027, (b) 356, (c) 47,764, (d) 0.096.
Express the following numbers as decimals:

(2) 1.52x 107, (b) 7.78 X 107%, () 1 x 107°,

(d) 1.6001 x 107

Express the answers to the following calculations in
scientific notation:

() 14575+ (23 x 107"

(b) 79,500 + (2.5 x 10%)

(©) (7.0x 107 — (8.0 x 107%

(d) (1.0 X 10%) = (9.9 x 10%

Express the answers to the following calculations in
scientific notation:

(a) 0.0095 + (8.5 x 107%)

(b) 653 = (5.75 x 107%)

(c) 850,000 — (9.0 x 10%)

(d) (3.6 X 107%) x (3.6 x 10°)

Determine the number of significant figures in each of
the following measurements: (a) 4867 mi, (b) 56 mL,
(c) 60,104 tons, (d) 2900 g, (e) 40.2 g/cm3,

(f) 0.0000003 cm, (g) 0.7 min, (h) 4.6 x 10" atoms.
Determine the number of significant figures in each of
the following measurements: (a) 0.006 L, (b) 0.0605 dm,
(¢) 60.5 mg, (d) 605.5 cm?, (e) 9.60 x 10° g, (f) 6 kg,
(g) 60 m.

Carry out the following operations as if they were
calculations of experimental results, and express each
answer in the correct units with the correct number of
significant figures:

(a)5.6792m + 0.6 m +4.33 m

(b)3.70g—29133 ¢

(c)4.51 cm X 3.6666 cm

Carry out the following operations as if they were
calculations of experimental results, and express each
answer in the correct units with the correct number of
significant figures:

(a) 7.310 km + 5.70 km

(b) (3.26 x 107> mg) — (7.88 x 10~ mg)

(c) (4.02 x 10° dm) + (7.74 x 10’ dm)

Three students (A, B, and C) are asked to determine the
volume of a sample of ethanol. Each student measures
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the volume three times with a graduated cylinder. The 1.69
results in milliliters are: A (87.1, 88.2, 87.6); B (86.9,
87.1, 87.2), C (87.6, 87.8, 87.9). The true volume is
87.0 mL. Comment on the precision and the accuracy of
each student’s results.

Three apprentice tailors (X, Y, and Z) are assigned the
task of measuring the seam of a pair of trousers. Each one
makes three measurements. The results in inches are X
(31.5,31.6,31.4); Y (32.8,32.3,32.7); Z (31.9, 32.2,
32.1). The true length is 32.0 in. Comment on the
precision and the accuracy of each tailor’s measurements.

1.70

SECTION 1.6: USING UNITS AND SOLVING

PROBLEMS

Computational Problems

1.56

1.57

1.58

1.59

1.60

1.61

1.62

1.63

1.64

1.65

1.66

1.67

1.68

Carry out the following conversions: (a) 22.6 m to 1.71
decimeters, (b) 25.4 mg to kilograms, (c) 556 mL to
liters, (d) 10.6 kg/m? to g/em’.

Carry out the following conversions: (a) 242 1b to
milligrams, (b) 68.3 cm’ to cubic meters, (c)7.2 m’> to
liters, (d) 28.3 pg to pounds.

The average speed of helium at 25°C is 1255 m/s.
Convert this speed to miles per hour (mph).

How many minutes are there in a solar year (365.24 days)?
How many minutes does it take light from the sun to
reach Earth? (The distance from the sun to Earth is
93 million mi; the speed of light is 2.99792458 x 108 m/s.)
A slow jogger runs a mile in 13 min. Calculate the
speed in (a) in/s, (b) m/min, (¢) km/h (I mi = 1609 m;
1in = 2.54 cm).

A 6.0-ft person weighs 168 1b. Express this person’s
height in meters and weight in kilograms (1 1b = 453.6 g;
1 m = 3.28 ft).

In 2015, a Japanese high-speed train set a record—
traveling at 374 mph during a test run near Mt. Fuji.
What is the speed in kilometers per hour (1 mi = 1609 m)?
Report your answer as a whole number.

For a fighter jet to take off from the deck of an aircraft
carrier, it must reach a speed of 62 m/s. Calculate the
speed in miles per hour.

The “normal” lead content in human blood is about
0.40 part per million (i.e., 0.40 g of lead per million
grams of blood). A value of 0.80 part per million (ppm)
is considered to be dangerous. How many grams of lead
are contained in 6.0 X 10° g of blood (the amount in an
average adult) if the lead content is 0.62 ppm?

Carry out the following conversions: (a) 32.4 yd to
centimeters, (b) 3.0 X 10" cm/s to ft/s, (c) 1.42 light-
years to miles (a light-year is an astronomical measure
of distance—the distance traveled by light in a year, or
365 days; the speed of light is 3.00 x 10°® m/s).

Carry out the following conversions: (a) 185 nm to
meters, (b) 4.5 billion years (roughly the age of Earth)
to seconds (assume 365 days in a year), (c) 71.2 cm’ to
cubic meters, (d) 88.6 m° to liters.

Aluminum is a lightweight metal (density = 2.70 g/cm?)
used in aircraft construction, high-voltage transmission
lines, beverage cans, and foils. What is its density in
kg/m??
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The density of ammonia gas under certain conditions is
0.625 g/L. Calculate its density in g/cm’.

(a) Carbon monoxide (CO) is a poisonous gas because it
binds very strongly to the oxygen carrier hemoglobin

in blood. A concentration of 8.00 x 10° ppm by volume
of carbon monoxide is considered lethal to humans.
Calculate the volume in liters occupied by carbon
monoxide in a room that measures 17.6 m long, 8.80 m
wide, and 2.64 m high at this concentration. (b) Prolonged
exposure to mercury (Hg) vapor can cause neurological
disorders and respiratory problems. For safe air quality
control, the concentration of mercury vapor must be under
0.050 mg/m’. Convert this number to g/L. (c) The general
test for type II diabetes is that the blood sugar (glucose)
level should be below 120 mg per deciliter (mg/dL).
Convert this number to micrograms per milliliter (ug/mL).
The average time it takes for a molecule to diffuse a

distance of x cm is given by

2
X

2D
where ¢ is the time in seconds and D is the diffusion
coefficient. Given that the diffusion coefficient of
glucose is 5.7 X 1077 cmZ/s, calculate the time it would
take for a glucose molecule to diffuse 10 pm, which is
roughly the size of a cell.
A human brain weighs about 1 kg and contains about
10" cells. Assuming that each cell is completely filled
with water (density = 1 g/mL), calculate the length of
one side of such a cell if it were a cube. If the cells are
spread out into a thin layer that is a single cell thick,
what is the surface area in square meters?

t

ADDITIONAL PROBLEMS

Using the appropriate number of significant figures,
report the length of the blue rectangle (a) using the ruler
shown above the rectangle and (b) using the ruler shown
below the rectangle.

cm 1 2 3

| | |
Tl—l—l—rrl—l—l—l—rl—rl—rl—l—rrl—rrl—l—rrrl—l—l—rrﬁ

cm 1 2 3

A piece of metal with a mass of 13.2 g was dropped
into a graduated cylinder containing 17.00 mL of
water. The graduated cylinder after the addition of

the metal is shown. Determine the density of the metal
to the appropriate number of significant figures.
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Which of the following statements describe physical
properties and which describe chemical properties?

(a) Iron has a tendency to rust. (b) Rainwater in
industrialized regions tends to be acidic. (c) Hemoglobin
molecules have a red color. (d) When a glass of water

is left out in the sun, the water gradually disappears.

(e) Carbon dioxide in air is converted to more complex
molecules by plants during photosynthesis.

In determining the density of a rectangular metal bar,

a student made the following measurements: length,
8.53 cm; width, 2.4 cm; height, 1.0 cm; mass, 52.7064 g.
Calculate the density of the metal to the correct number
of significant figures.

Calculate the mass of each of the following: (a) a
sphere of gold with a radius of 10.0 cm (volume of

a sphere with a radius r is V = $77°; density of

gold = 19.3 g/cm?), (b) a cube of platinum of edge
length 0.040 mm (density = 21.4 g/cm3), (¢) 50.0 mL
of ethanol (density = 0.798 g/mL).

A cylindrical glass tube 12.7 cm in length is filled with
mercury (density = 13.6 g/mL). The mass of mercury
needed to fill the tube is 105.5 g. Calculate the inner
diameter of the tube (volume of a cylinder of radius r
and length h is V = nrh).

The following procedure was used to determine the
volume of a flask. The flask was weighed dry and then
filled with water. If the masses of the empty flask and
filled flask were 56.12 g and 87.39 g, respectively, and
the density of water is 0.9976 g/cm’, calculate the
volume of the flask in cubic centimeters.

The speed of sound in air at room temperature is

about 343 m/s. Calculate this speed in miles per hour
(1 mi = 1609 m).

A piece of silver (Ag) metal weighing 194.3 g is placed
in a graduated cylinder containing 242.0 mL of water.
The volume of water now reads 260.5 mL. From these
data calculate the density of silver.

The experiment described in Problem 1.81 is a crude
but convenient way to determine the density of some
solids. Describe a similar experiment that would enable
you to measure the density of ice. Specifically, what
would be the requirements for the liquid used in your
experiment?

A lead sphere has a mass of 1.20 x 10* g, and its
volume is 1.05 x 10’ cm’. Calculate the density of lead.
Lithium is the least dense metal known (density =

0.53 g/cm®). What is the volume occupied by

3.15 x 10° g of lithium?

At what temperature does the numerical reading on

a Celsius thermometer equal that on a Fahrenheit
thermometer?

Suppose that a new temperature scale has been devised
on which the melting point of ethanol (—117.3°C) and
the boiling point of ethanol (78.3°C) are taken as 0°S
and 100°S, respectively, where S is the symbol for the
new temperature scale. Derive an equation relating a
reading on this scale to a reading on the Celsius scale.
What would this thermometer read at 25°C?

The total volume of seawater is 1.5 X 10°' L. Assume
that seawater contains 3.1 percent sodium chloride by
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mass and that its density is 1.03 g/mL. Calculate the
total mass of sodium chloride in kilograms and in tons
(1 ton = 2000 Ib; 1 1b = 453.6 g).

A sheet of aluminum (Al) foil has a total area of 1.000
ft* and a mass of 3.636 g. What is the thickness of the
foil in millimeters (density of Al =2.699 g/cm®)?

A student is given a crucible and asked to prove whether
it is made of pure platinum. She first weighs the
crucible in air and then weighs it suspended in water
(density = 0.9986 g/mL). The readings are 860.2 g and
820.2 g, respectively. Based on these measurements

and given that the density of platinum is 21.45 g/cm?,
what should her conclusion be? (Hint: An object
suspended in a fluid is buoyed up by the mass of the fluid
displaced by the object. Neglect the buoyancy of air.)
The surface area and average depth of the Pacific Ocean
are 1.8 x 10® km” and 3.9 x 10’ m, respectively. Calculate
the volume of water in the ocean in liters.

The unit “troy ounce” is often used for precious metals
such as gold (Au) and platinum (Pt) (1 troy ounce =
31.103 g). (a) A gold coin weighs 2.41 troy ounces.
Calculate its mass in grams. (b) Is a troy ounce heavier
or lighter than an ounce (1 1b = 16 oz; 1 Ib = 453.6 g)?
Osmium (Os) is the densest element known (density =
22.57 g/em?). Calculate the mass in pounds and in
kilograms of an Os sphere 15 cm in diameter (about

the size of a grapefruit) (volume of a sphere of radius
ris $nr).

Calculate the percent error for the following
measurements: (a) The density of alcohol (ethanol) is
found to be 0.802 g/mL (true value = 0.798 g/mL).

(b) The mass of gold in an earring is analyzed to be
0.837 g (true value = 0.864 g).

In water conservation, chemists spread a thin film of a
certain inert material over the surface of water to cut
down on the rate of evaporation of water in reservoirs.
This technique was pioneered by Benjamin Franklin
three centuries ago. Franklin found that 0.10 mL of oil
could spread over the surface of water about 40 m? in
area. Assuming that the oil forms a monolayer, that is, a
layer that is only one molecule thick, estimate the length
of each oil molecule in nanometers (1 nm = 1 x 10~ m).
You are given a liquid. Briefly describe the steps you
would take to show whether it is a pure substance or a
homogeneous mixture.

A gas company in Massachusetts charges $1.30 for

15.0 ft® of natural gas. (a) Convert this rate to dollars
per liter of gas. (b) If it takes 0.304 ft* of gas to boil a
liter of water, starting at room temperature (25°C), how
much would it cost to boil a 2.1-L kettle of water?

A 250-mL glass bottle was filled with 242 mL of water
at 20°C and tightly capped. It was then left outdoors
overnight, where the average temperature was —5°C.
Predict what would happen. The density of water

at 20°C is 0.998 g/cm’ and that of ice at —5°C is

0.916 g/em’.

A bank teller is asked to assemble $1 sets of coins for
his clients. Each set is made up of three quarters, one
nickel, and two dimes. The masses of the coins are
quarter, 5.645 g; nickel, 4.967 g; and dime, 2.316 g.
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What is the maximum number of sets that can be
assembled from 33.871 kg of quarters, 10.432 kg of
nickels, and 7.990 kg of dimes? What is the total mass
(in grams) of the assembled sets of coins?

The men’s world record for running a mile outdoors (set
in 1999) is 3 min 43.13 s. At this rate, how long would
it take to run a 2-km race (1 mi = 1609 m)?

Venus, the second closest planet to the sun, has a
surface temperature of 7.3 x 10> K. Convert this
temperature to degrees Celsius and degrees Fahrenheit.
Comment on whether each of the following is a
homogeneous mixture or a heterogeneous mixture:

(a) air in a closed bottle, (b) air over New York City.

It has been estimated that 8.0 x 10* tons of gold (Au)
have been mined. Assume gold costs $1350 per troy
ounce. What is the total worth of this quantity of gold?
(1 troy ounce = 31.103 g)

A 1.0-mL volume of seawater contains about

4.0 x 107'* g of gold. The total volume of ocean water
is 1.5 x 10*' L. Calculate the total amount of gold (in
grams) that is present in seawater and the worth of the
gold in dollars (see Problem 1.102). With so much gold
out there, why hasn’t someone become rich by mining
gold from the ocean?

Measurements show that 1.0 g of iron (Fe) contains

1.1 x 10** Fe atoms. How many Fe atoms are in 4.9 g of
Fe, which is the total amount of iron in the body of an
average adult?

The thin outer layer of Earth, called the crust, contains
only 0.50 percent of Earth’s total mass and yet is the
source of almost all the elements (the atmosphere
provides elements such as oxygen, nitrogen, and a few
other gases). Silicon (Si) is the second most abundant
element in Earth’s crust (27.2 percent by mass).
Calculate the mass of silicon in kilograms in Earth’s
crust (mass of Earth = 5.9 X 10* tons; 1 ton = 2000 1b;
11b=453.6 g).

The radius of a copper (Cu) atom is roughly 1.3 x 107'" m.
How many times can you divide evenly a 10-cm-long
piece of copper wire until it is reduced to two separate
copper atoms? (Assume there are appropriate tools for
this procedure and that copper atoms are lined up in a
straight line, in contact with each other. Round off your
answer to an integer.)

A graduated cylinder is filled to the 40.00-mL mark
with a mineral oil. The masses of the cylinder before
and after the addition of the mineral oil are 124.966 g
and 159.446 g, respectively. In a separate experiment, a
metal ball bearing of mass 18.713 g is placed in the
cylinder and the cylinder is again filled to the 40.00-mL
mark with the mineral oil. The combined mass of the
ball bearing and mineral oil is 50.952 g. Calculate the
density and radius of the ball bearing (volume of a
sphere of radius r is 37).

A chemist mixes two liquids A and B to form a
homogeneous mixture. The densities of the liquids

are 2.0514 g/mL for A and 2.6678 g/mL for B. When she
drops a small object into the mixture, she finds that the
object becomes suspended in the liquid; that is, it neither
sinks nor floats. If the mixture is made of 41.37 percent
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A and 58.63 percent B by volume, what is the density
of the object? Can this procedure be used in general to
determine the densities of solids? What assumptions
must be made in applying this method?

A chemist in the nineteenth century prepared an unknown
substance. In general, do you think it would be more
difficult to prove that it is an element or a compound?
Explain.

Industrial Problems
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Chlorine is used to disinfect swimming pools. The
accepted concentration for this purpose is 1 ppm
chlorine, or 1 g of chlorine per million grams of water.
Calculate the volume of a chlorine solution (in
milliliters) a homeowner should add to her swimming
pool if the solution contains 6.0 percent chlorine by
mass and there are 2.0 x 10* gallons (gal) of water in
the pool (1 gal = 3.79 L; density of liquids = 1.0 g/mL).
The world’s total petroleum reserve is estimated at

2.0 x 10* joules [a joule (J) is the unit of energy, where
1J=1kg - m%s?]. At the present rate of consumption,
1.8 x 10% joules per year (J/yr), how long would it take
to exhaust the supply?

Bronze is an alloy made of copper (Cu) and tin (Sn).
Calculate the mass of a bronze cylinder of radius 6.44
cm and length 44.37 cm. The composition of the bronze
is 79.42 percent Cu and 20.58 percent Sn and the
densities of Cu and Sn are 8.94 g/cm® and 7.31 g/cm’,
respectively. What assumption should you make in this
calculation?

Chalcopyrite, the principal ore of copper (Cu), contains
34.63 percent Cu by mass. How many grams of Cu can
be obtained from 7.35 x 10° kg of the ore?

Engineering Problems
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Vanillin (used to flavor vanilla ice cream and other
foods) is the substance whose aroma the human nose
detects in the smallest amount. The threshold limit is
2.0 x 107" g per liter of air. If the current price of 50 g of
vanillin is $112, determine the cost to supply enough
vanillin so that the aroma could be detected in a large
aircraft hangar with a volume of 5.0 x 107 ft’.

One gallon of gasoline in an automobile’s engine
produces on the average 9.5 kg of carbon dioxide, which
is a greenhouse gas; that is, it promotes the warming of
Earth’s atmosphere. Calculate the annual production of
carbon dioxide in kilograms if there are 40 million cars
in the United States and each car covers a distance of
5000 mi at a consumption rate of 20 miles per gallon.
Magnesium (Mg) is a valuable metal used in alloys, in
batteries, and in the manufacture of chemicals. It is
obtained mostly from seawater, which contains about
1.3 g of Mg for every kilogram of seawater. Referring to
Problem 1.87, calculate the volume of seawater (in
liters) needed to extract 8.0 x 10 tons of Mg, which is
roughly the annual production in the United States.
Fluoridation is the process of adding fluorine
compounds to drinking water to help fight tooth decay.
A concentration of 1 ppm of fluorine is sufficient for the
purpose (1 ppm means one part per million, or 1 g of



36

CHAPTER 1 Chemistry: The Central Science

fluorine per 1 million g of water). The compound
normally chosen for fluoridation is sodium fluoride,
which is also added to some toothpastes. Calculate the
quantity of sodium fluoride in kilograms needed per
year for a city of 50,000 people if the daily consumption
of water per person is 150 gal. What percent of the
sodium fluoride is “wasted” if each person uses only
6.0 L of water a day for drinking and cooking (sodium
fluoride is 45.0 percent fluorine by mass; 1 gal =3.79 L;
1 year = 365 days; 1 ton = 2000 Ib; 1 Ib =453.6 g;
density of water = 1.0 g/mL)?

Biological Problems
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The natural abundances of elements in the human body,
expressed as percent by mass, are oxygen (O), 65 percent;
carbon (C), 18 percent; hydrogen (H), 10 percent;
nitrogen (N), 3 percent; calcium (Ca), 1.6 percent;
phosphorus (P), 1.2 percent; all other elements,

1.2 percent. Calculate the mass in grams of each element
in the body of a 62-kg person.

A resting adult requires about 240 mL of pure oxygen
per minute and breathes about 12 times every minute. If
inhaled air contains 20 percent oxygen by volume and
exhaled air 16 percent, what is the volume of air per
breath? (Assume that the volume of inhaled air is equal
to that of exhaled air.)

(a) Referring to Problem 1.119, calculate the total
volume (in liters) of air an adult breathes in a day.

(b) In a city with heavy traffic, the air contains

2.1 x 107° L of carbon monoxide (a poisonous gas)

per liter. Calculate the average daily intake of carbon
monoxide in liters by a person.
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percent error =

The medicinal thermometer commonly used in homes
can be read to +0.1°F, whereas those in the doctor’s
office may be accurate to +0.1°C. Percent error is often
expressed as the absolute value of the difference
between the true value and the experimental value,
divided by the true value:

|true value — experimental value|

x 100%
true value

The vertical lines indicate absolute value. In degrees
Celsius, express the percent error expected from each
of these thermometers in measuring a person’s body
temperature of 38.9°C.

TUMS is a popular remedy for acid indigestion. A
typical TUMS tablet contains calcium carbonate plus
some inert substances. When ingested, it reacts with
the gastric juice (hydrochloric acid) in the stomach
to give off carbon dioxide gas. When a 1.328-g tablet
reacted with 40.00 mL of hydrochloric acid (density =
1.140 g/mL), carbon dioxide gas was given off and the
resulting solution weighed 46.699 g. Calculate the
number of liters of carbon dioxide gas released if its
density is 1.81 g/L.

Pheromones are compounds secreted by females

of many insect species to attract mates. Typically,

1.0 x 107® g of a pheromone is sufficient to reach all
targeted males within a radius of 0.50 mi. Calculate
the density of the pheromone (in grams per liter) in a
cylindrical air space having a radius of 0.50 mi and a
height of 40 ft (volume of a cylinder of radius r and
height 4 is ©r*h).
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Standardized-Exam Practice Problems

Verbal Reasoning 2. Based on the passage, Lady Montagu was most likely
English writer and essayist Lady Mary Wortley Montagu (1689-1762) a) a doctor.
traveled extensively and was fascinated by the customs in other countries. b) Turkish.

While in Turkey, she observed the practice of “‘engrafting” wherein people
were inoculated against smallpox by intentional exposure to a mild form of
the disease. She was so convinced of the efficacy and the safety of engraft-
ing, that she had both of her children inoculated. She herself had survived

c) severely scarred by smallpox.
d) a member of a prominent British family.

3. The author refers to Lady Montagu having survived smallpox to

smallpox as a child. Lady Montagu campaigned for the practice when she a) explain why Lady Montagu was fascinated by the practice of
returned to England, and despite opposition from doctors and religious engrafting.

leaders, inoculation came into common use. It remained the primary de- b) compare Lady Montagu to the doctors and religious leaders in
fense against the scourge of smallpox for decades—until Jenner developed England.

the practice of vaccination. c) explain why Lady Montagu herself did not undergo the engraft-

ing procedure.

1. The main point of the passage is that - o )
d) emphasize Lady Montagu’s fascination with other cultures.

a) Lady Montagu survived smallpox as a child.

b) Lady Montagu brought the practice of engrafting from Turkey 4. Based on the passage, the author most likely thinks that Lady

Montagu was

to England.
c) doctors in eighteenth-century England were opposed to the a) educated and influential.

practice of engrafting. b) inconsequential in the prevention of smallpox in England.
d) Jenner developed the practice of vaccination. ¢) trained in science and medicine.

d) married to the British ambassador to Turkey.

Answers to In-Chapter Materials

Practice Problems Checkpoints
1.1A 273 K and 373 K, range = 100 K. 1.1B —270.5°C. 1.2A 113°F, 13.1c. 1.322a.133b.1.34d.14.1b,c,e. 1.4.24a,d,f. 1.5.1c. 1.5.2 .
194°F; difference = 81°F. 1.2B 233°C. 1.3A (a) 13.6 g/mL, (b) 11.4 mL. 1.53c. 1.54¢.1.6.1b.1.6.2¢c. 1.6.3a. 1.6.4 ¢.

1.3B (a) 9.25 g/em?®, (b) 3.76 x 10° g. 1.4A (a) and (c). 1.4B Physical:

iv, chemical: ii and iii, neither: i. 1.5A (a) 4, (b) 1, (c) 4, (d) 2, (e) 2 or 3,
(f) 4. 1.5B (a) 4, 0.0003050, 4; (b) 5, 432.00, 5; (c) 4, 0.0000008001, 4;
(d) 7, 200608.0, 7; () 4, 0.00001503, 4; (f) 6, 60751.0, 6. 1.6A (a) 116.2 L,
(b) 80.71 m, (c) 3.813 x 10*' atoms, (d) 31 dm?, (e) 0.504 g/mL.

1.6B (a) 32.44 cn’, (b) 4.2 x 10” kg/m’, (c) 1.008 x 10" kg, (d) 40.75 mL,
(e) 227 cm®. 1.7A 0.8120 g/em®. 1.7B 95.3 cm®. 1.8A 0.01 oz.

1.8B 708.1 g. 1.9A 1.05 x 10* kg/m’. 1.9B 13.6 mg/mm’.

Design Icon Credits: Animation icon: ©McGraw-Hill Education; Hot Spot Icon: ©LovArt/Shutterstock.com
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Legumes, including peas and beans, are a good source of dietary

iron. Other iron-rich foods include meat, eggs, some vegetables, and
fortified cereals. When diet alone does not provide an adequate

supply, iron supplements can be taken.
©Zoonar/O Popova/age fotostock
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In This Chapter, You Will Learn

What atoms are made of and how they are arranged in
molecules and ions that make up the substances that we
encounter every day. You will also learn how to associate the
name of a substance with its chemical formula.

Before You Begin, Review These Skills

+ Significant figures [l«¢ Section 1.5]
+ Dimensional analysis [l4¢ Section 1.6]

How Certain Atoms, Molecules, and lons
Can Affect Human Health

Atoms, molecules, and ions make up the substances we encounter every day. Some of these
substances are important components of a balanced diet. An estimated 25 percent of the world’s
population suffers from iron deficiency, the most common nutritional deficiency in the world.
Iron is necessary for the production of hemoglobin, the component in red blood cells responsible
for the transport of oxygen. An inadequate supply of iron and the resulting shortage of hemo-
globin can cause iron deficiency anemia (IDA). Some of the symptoms of IDA are fatigue,
weakness, pale color, poor appetite, headache, and light-headedness.

Although IDA can be caused by loss of blood or by poor absorption of iron, the most common
cause is insufficient iron in the diet. Dietary iron comes from such sources as meat, eggs, leafy
green vegetables, dried beans, and dried fruits. Some
breakfast cereals, such as Cream of Wheat, are forti-
fied with iron in the form of iron metal, also known
as elemental or reduced iron. The absorption of dietary
iron can be enhanced by the intake of vitamin C
(ascorbic acid). When the diet fails to provide enough
iron, a nutritional supplement may be necessary to pre-

. ST ="
vent a deficiency. Many supplements provide iron in Wz;fureMade. i

the form of a compound called ferrous sulfate. II‘GSOII
i, 8

Elemental iron, ascorbic acid, and the iron in ferrous Vit for

DIETARY
SUPPLEMENT A

Cell

sulfate are examples of some of the atoms, molecules, - R
and ions that are essential for human health.

©David A. Tietz/Editorial Image, LLC

Student Note: Iron absorption can be
diminished by certain disorders, such
as Crohn’s disease, and by some
medications.

At the end of this chapter, you
will be able to solve a series
of problems involving iron,
iron sulfate, and ascorbic acid
[» Applying What You've
Learned, page 75].
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CHAPTER 2 Atoms, Molecules, and Ions

Figure 2.1 John Dalton.
©GeorgiosArt/Getty Images

m The Atomic Theory

In the fifth century B.C., the Greek philosopher Democritus proposed that all matter consists
of very small, indivisible particles, which he named afomos (meaning uncuttable or indivisible).
Although Democritus’s idea was not accepted by many of his contemporaries (notably Plato
and Aristotle), somehow it endured. Experimental evidence from early scientific investigations
provided support for the notion of “atomism” and gradually gave rise to the modern definitions
of elements and compounds. In 1808, an English scientist and schoolteacher, John Dalton'
(Figure 2.1), formulated a precise definition of the indivisible building blocks of matter that
we call atoms.

Dalton’s work marked the beginning of the modern era of chemistry. The hypotheses
about the nature of matter on which Dalton’s atomic theory is based can be summarized as
follows:

1. Elements are composed of extremely small particles called afoms. All atoms of a given
element are identical, having the same size, mass, and chemical properties. The atoms of
one element are different from the atoms of all other elements.

2. Compounds are composed of atoms of more than one element. In any given compound,
the same types of atoms are always present in the same relative numbers.

3. A chemical reaction rearranges atoms; it does not create or destroy them.

Figure 2.2 is a schematic representation of these hypotheses.

Dalton’s concept of an atom was far more detailed and specific than that of Democritus.
The first hypothesis states that atoms of one element are different from atoms of all other ele-
ments. Dalton made no attempt to describe the structure or composition of atoms—he had no
idea what an atom was really like. He did realize, though, that the different properties shown
by elements such as hydrogen and oxygen could be explained by assuming that hydrogen atoms
were not the same as oxygen atoms.

The second hypothesis suggests that, to form a certain compound, we not only need atoms
of the right kinds of elements, but specific numbers of these atoms as well. This idea is an
extension of a law published in 1799 by Joseph Proust, a French chemist. According to Proust’s
law of definite proportions, different samples of a given compound always contain the same
elements in the same mass ratio. Thus, if we were to analyze samples of carbon dioxide gas

() (b) (©

Figure 2.2 This represents a chemical reaction between the elements oxygen and carbon. (a) Oxygen
does not exist as isolated atoms under ordinary conditions, but rather as molecules, each of which
consists of two oxygen atoms. Note that the oxygen atoms (red spheres) appear all to be identical to
one another (Dalton’s 1st hypothesis). (b) Likewise, the carbon atoms (black spheres) all appear to be
identical to one another. Carbon also exists in the form of molecules that are more varied and complex
than those of oxygen, but the carbon has been represented here as isolated atoms to simplify the
figure. (c) The compound CO, forms when each carbon atom combines with two oxygen atoms (Dalton’s
2nd hypothesis). Finally, the reaction results in the rearrangement of the atoms, but all the atoms
present before the reaction (left of the arrow) are also present after the reaction (right of the arrow)
(Dalton’s 3rd hypothesis).

1. John Dalton (1766-1844). English chemist, mathematician, and philosopher. In addition to the atomic theory, Dalton formulated
several gas laws and gave the first detailed description of the type of color blindness, now called “Daltonism,” from which he suffered.
He also assigned relative weights to the elements, many of which differ considerably from those that we use today. He was described
by his friends as awkward and without social grace.
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obtained from different sources, such as the exhaust from a car in Mexico City or the air above
a pine forest in northern Maine, each sample would contain the same ratio by mass of oxygen
to carbon. Consider the following results of the analysis of three samples of carbon dioxide,
each from a different source:

Sample Mass of O (g7 Mass of C (g0 Ratio(gO:gC)
123 g carbon dioxide 89.4 33.6 2.66:1
50.5 g carbon dioxide 36.7 13.8 2.66:1
88.6 g carbon dioxide 64.4 24.2 2.66:1

In any sample of pure carbon dioxide, there are 2.66 g of oxygen for every gram of carbon
present. This constant mass ratio can be explained by assuming that the elements exist in tiny
particles of fixed mass (atoms), and that compounds are formed by the combination of fixed
numbers of each type of particle.

Dalton’s second hypothesis also supports the law of multiple proportions. According to
this law, if two elements can combine to form more than one compound with each other, the
masses of one element that combine with a fixed mass of the other element are in ratios of
small whole numbers. That is, different compounds made up of the same elements differ in the
number of atoms of each kind that combine. For example, carbon combines with oxygen to form
carbon dioxide and carbon monoxide. In any sample of pure carbon monoxide, there are 1.33 g
of oxygen for every gram of carbon.

Sample Mass of O (g) Mass of C (g) Ratio (g O : g C)
16.3 g carbon monoxide 9.31 6.99 1.33:1
25.9 g carbon monoxide 14.8 11.1 1.33:1
88.4 g carbon monoxide 50.5 37.9 1.33:1

Thus, the ratio of oxygen to carbon in carbon dioxide is 2.66; and the ratio of oxygen to carbon
in carbon monoxide is 1.33. According to the law of multiple proportions, the ratio of two such
ratios can be expressed as small whole numbers.

ratio of O to C in carbon dioxide _ 2.66 _
ratio of O to C in carbon monoxide =~ 1.33

2:1

For samples containing equal masses of carbon, the ratio of oxygen in carbon dioxide to oxygen
in carbon monoxide is 2:1. Modern measurement techniques indicate that one atom of carbon
combines with two atoms of oxygen in carbon dioxide and with one atom of oxygen in carbon
monoxide. This result is consistent with the law of multiple proportions (Figure 2.3).

Dalton’s third hypothesis is another way of stating the law of conservation of mass,* which
is that matter can be neither created nor destroyed. Because matter is made up of atoms that are

Carbon dioxide

alo

Carbon monoxide

O to C ratio in CO,
O to C ratio in CO

2. According to Albert Einstein, mass and energy are alternate aspects of a single entity called mass-energy. Chemical reactions usually
involve a gain or loss of heat and other forms of energy. Thus, when energy is lost in a reaction, for example, mass is also lost. Except
for nuclear reactions (see Chapter 20), however, changes of mass in chemical reactions are far too small to detect. Therefore, for all
practical purposes mass is conserved.

The Atomic Theory

41

Figure 2.3 Anillustration of the law
of multiple proportions.
o 2
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unchanged in a chemical reaction, it follows that mass must be conserved as well. Dalton’s bril-
” liant insight into the nature of matter was the main stimulus for the rapid progress of chemistry
during the nineteenth century.
Sample Problem 2.1 shows how some common compounds obey the law of multiple
proportions.

Animation
Law of conservation of mass.

SAMPLE PROBLEM

(a) Both water (H,0) and hydrogen peroxide (H,O,) are composed of hydrogen and oxygen. When water is decomposed into its constituent
elements, it produces 0.125 g hydrogen for every gram of oxygen. When hydrogen peroxide is decomposed, it produces 0.063 g hydrogen for
every gram of oxygen. Determine the whole number ratio of g H : 1.00 g O in water to g H : 1.00 g O in hydrogen peroxide to show how
these data illustrate the law of multiple proportions. (b) Sulfur and oxygen can combine to form several compounds including sulfur dioxide
(SO,) and sulfur trioxide (SO3). Sulfur dioxide contains 0.9978 g oxygen for every gram of sulfur. Sulfur trioxide contains 1.497 g oxygen for
every gram of sulfur. Determine the whole number ratio of g O : 1.00 g S in sulfur dioxide to g O : 1.00 g S in sulfur trioxide.

Strategy For two compounds, each consisting of just two different elements, we are given the mass ratio of one element to the other. In each
case, to show how the information given illustrates the law of multiple proportions, we divide the larger ratio by the smaller ratio.

Setup (a) The mass ratio of hydrogen to oxygen is higher in water than it is in hydrogen peroxide. Therefore, we divide the number of grams
of hydrogen per gram of oxygen given for water by that given for hydrogen peroxide. (b) The mass ratio of oxygen to sulfur is higher in sulfur
trioxide than it is in sulfur dioxide. Therefore, we divide the number of grams of oxygen per gram of sulfur given for sulfur trioxide by that
given for sulfur dioxide.

Solution

gH:1.00 g O in water 0.125
g H:1.00 g O in hydrogen peroxide ~ 0.063
g 0:1.00 g S in sulfur trioxide 1.497
g0 :1.00 g S in sulfur dioxide ~0.9978

(a) =198:1~2:1

(b) = 1.50:1. Multiplying through by 2 gives 3:2.

THINK ABOUT IT

When the result of such calculations is not a whole number, we must decide whether the result is close enough to round to a whole number
as in part (a), or whether to multiply through to get whole numbers as in part (b). Only numbers that are very close to whole can be rounded.
For example, numbers ending in approximately .25, .33, or .5 should be multiplied by 4, 3, or 2, respectively, to give a whole number.

Practice Problem QTTEMPT In each case, calculate the appropriate ratio to show that the information given is consistent with the
law of multiple proportions. (a) Both ammonia (NH;) and hydrazine (N,H,) are composed of nitrogen and hydrogen. Ammonia contains
0.2158 g hydrogen for every gram of nitrogen. Hydrazine contains 0.1439 g hydrogen for every gram of nitrogen. (b) Two of the compounds
that consist of nitrogen and oxygen are nitric oxide, also known as nitrogen monoxide (NO) and nitrous oxide (N,O), which is also known
as dinitrogen monoxide. Nitric oxide contains 1.142 g oxygen for every gram of nitrogen. Nitrous oxide contains 0.571 g oxygen for every
gram of nitrogen.

Practice Problem GU ILD (a) Two of the simplest compounds containing just carbon and hydrogen are methane and ethane. Given that
methane contains 0.3357 g hydrogen for every 1.00 g carbon and that the ratio of g hydrogen/1.00 g carbon in methane to g hydrogen/1.00 g
carbon in ethane is 4:3, determine the number of grams of hydrogen per gram of carbon in ethane. (b) Xenon (Xe) and fluorine (F) can
combine to form several different compounds, including XeF,, which contains 0.2894 g fluorine for every gram of xenon. Use the law of
multiple proportions to determine n, which represents the number of F atoms in another compound, XeF,, given that it contains 0.8682 g of
F for every gram of Xe.

Practice Problem GONCEPT UALIZE Which of the following diagrams illustrates the law of multiple proportions?

) 2 A ) . G
g <D ‘/,)) V‘J ) v QD J:)") b ‘T)/'
_, ") 2 O 9 <J N a 9O 9 9 )
W ) - < A _
- J \ ) /,‘ <« 1-\) J
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CHECKPOINT — SECTION 21 The Atomic Theory

211 21.2 For which of the following pairs of compounds is the ratio

g yellow : 1.00 g blue (right)
g yellow : 1.00 g blue (left)

For the two compounds pictured, evaluate the following

ratio: equal to 4:1?
g yellow : 1.00 g blue (right) a) - J
g yellow : 1.00 g blue (left)
a) 2:1
b) 3:2 b g 9 6
c) 34
d) 5:2 ©) > -
e) 54
d) o -
e) & e

m The Structure of the Atom

On the basis of Dalton’s atomic theory, we can define an afom as the basic unit of an element
that can enter into a chemical combination. Dalton imagined an atom that was both extremely
small and indivisible. However, a series of investigations that began in the 1850s and extended
into the twentieth century clearly demonstrated that atoms actually possess internal structure;
that is, they are made up of even smaller particles, which are called subatomic particles. This
research led to the discovery of electrons, protons, and neutrons.

Discovery of the Electron

Many scientists in the 1890s studied radiation, the emission and transmission of energy through

space in the form of waves. Information gained from this research contributed greatly to our P ”
understanding of atomic structure. One device used to investigate this phenomenon was a cathode
ray tube, the forerunner of the tubes used in older televisions and computer monitors (Figure 2.4).

A cathode ray tube consists of two metal plates sealed inside a glass tube from which
most of the air has been evacuated. When the metal plates are connected to a high-voltage
source, the negatively charged plate, called the cathode, emits an invisible ray. The cathode ray
is drawn to the positively charged plate, called the anode, where it passes through a hole and
continues traveling to the other end of the tube. When the ray strikes the specially phosphor-
coated surface, it produces a bright light.

Because consistent results are observed regardless of the composition of the cathode, cathode
rays were presumed to be a component of all matter. Furthermore, because the path of the cathode
rays could be deflected by magnetic and electric fields, as shown in Figure 2.4, they must be
streams of charged particles. According to electromagnetic theory, a moving charged body behaves
like a magnet and can interact with electric and magnetic fields through which it passes. Because
the cathode ray is attracted by the plate bearing positive charges and repelled by the plate bearing
negative charges, it must consist of negatively charged particles. We now know these negatively
charged particles as electrons. Figure 2.5 shows the deflection of a stream of electrons away from
the south pole of a bar magnet. This effect on the path of electrons is what causes a television
picture to become distorted temporarily when a magnet is brought close to the screen.

Late in the nineteenth century, English physicist J. J. Thomson used a cathode ray tube and
his knowledge of electromagnetic theory to determine the ratio of electric charge to the mass of

Animation
Cathode ray tube experiment.
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Figure 2.4 A cathode ray tube with
an electric field perpendicular to the
direction of the cathode rays and an
external magnetic field. The symbols
N and S denote the north and south
poles of the magnet. The cathode rays
will strike the end of the tube at point
A in the presence of a magnetic field
and at point B in the presence of an
electric field. (In the absence of any
external field—or when the effects of
the electric field and magnetic field
cancel each other—the cathode rays
will not be deflected but will travel in a
straight line and strike the middle of
the circular screen.)

()

Cathode ray

Cathode
=)

Evacuated tube

Magnet

(b) ()

Figure 2.5 (a) A cathode ray produced in a discharge tube. The ray itself is invisible, but the fluorescence of a zinc sulfide coating on the glass
causes it to appear green. (b) The cathode ray bends toward one pole of a magnet and (c) bends away from the opposite pole.
(a), (b), (c): ©McGraw-Hill Education/Charles D. Winters, photographer

Student Note: Millikan actually
determined the charge on droplets
with multiple electrons attached. The
charges he determined were always
multiples of —1.6022 x 107° C.

an individual electron. The number he calculated was 1.76 x 10° C/g, where C stands for coulomb,
which is the derived SI unit of electric charge. (In SI base units, 1 C = 1 A - s. Recall that A
and s are the SI base units ampere and second, respectively [l44 Section 1.3, Table 1.2].)

Early in the twentieth century, American physicist R. A. Millikan conducted an inge-
nious experiment that enabled him to calculate precisely the charge of the electron. In his
experiment, Millikan examined the motion of tiny droplets of oil as they fell through an
electric field in the space between two electrically charged plates. An X-ray source was used
to knock electrons off of molecules in the air, and the electrons became attached to the oil
droplets, giving each droplet a negative charge. He then varied the strength of the electric
field and was able to slow, stop, or even reverse the downward motion of the droplets. By
precisely varying the electric field, and knowing the mass of the droplets, he was able to
calculate the charge on each droplet (Figure 2.6). His work proved that the charge on each
droplet was an integral multiple of —1.6022 x 10" C, which he deduced was the charge on
a single electron. Using Thomson’s charge-to-mass ratio and the charge from his own experi-
ments, Millikan calculated the mass of an electron as follows:

_ -1.6022x107°C
charge/mass  —1.76 x 10° Clg

charge

mass of an electron = =9.10x 10 g

This is an extremely small mass.

Radioactivity

In 1895, the German physicist Wilhelm Rontgen noticed that cathode rays caused glass and
metals to emit yet another type of ray. This highly energetic radiation penetrated matter, darkened
covered photographic plates, and caused a variety of substances to fluoresce (give off light).



SECTION 2.2 The Structure of the Atom

X-ray source

Lead block

Radioactive Electrically Photographic
substance charged plates plate

Figure 2.7 Three types of rays emitted by radioactive elements. So-called f rays actually consist of
negatively charged particles (electrons) and are therefore attracted by the positively charged plate. The
opposite holds true for so-called a rays—they are actually positively charged particles and are drawn to
the negatively charged plate. Because y rays are not particles and have no charge, their path is
unaffected by an external electric field.

These rays were not deflected by a magnet, however, so unlike cathode rays, they could not
contain charged particles. Rontgen called them X rays because of their mysterious nature.

Not long after Rontgen’s discovery, Antoine Becquerel, a professor of physics in Paris, began
to study the fluorescent properties of substances. Purely by accident, he found that exposing thickly
wrapped photographic plates (so no light could get in) to a uranium compound caused them to
darken, even without the stimulation of cathode rays. Like X rays, the rays from the uranium
compound were highly energetic and could not be deflected by a magnet, but they differed from
X rays because they arose spontaneously. One of Becquerel’s students, Marie Curie, suggested the
name radioactivity to describe this spontaneous emission of particles and/or radiation. Today, we
use the term radioactive to describe any element that spontaneously emits radiation.

Three types of rays are produced by the breakdown, or decay, of radioactive substances such
as uranium. Two of the three are deflected by oppositely charged metal plates (Figure 2.7). Alpha
() rays consist of positively charged particles, called a particles, that are deflected away from the
positively charged plate. Beta (p) rays, or B particles, are electrons, so they are deflected away from
the negatively charged plate. The third type of radioactive radiation consists of high-energy gamma
(7) rays. Like X rays, y rays have no charge and are unaffected by external electric or magnetic fields.

The Proton and the Nucleus

By the early 1900s, scientists knew that atoms contained electrons but were electrically neutral
overall. To be neutral, an atom must contain equal amounts of positive and negative charge.

Figure 2.6 Schematic diagram of
Millikan’s oil-drop experiment.

Animation
Millikan oil-drop experiment.
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Figure 2.8 Rutherford’s experimental
design for measuring the scattering of

Predicted result

a particles by a piece of gold foil. The ’ i‘ = Gold atoms
plum-pudding model predicted that the -4 -

a particles would all pass through the
gold foil undeflected. The actual result:
Most of the a particles do pass through
the gold foil with little or no deflection,
but a few are deflected at large angles.
Occasionally an a particle bounces off
the foil back toward the source. The
nuclear model explains the results of
Rutherford’s experiments.

Gold foil

Zinc-sulfide screen

Light flashes produced
by « particles hitting screen

Gold atoms

Thomson proposed, therefore, that an atom could be thought of as a sphere of positively charged
matter in which negatively charged electrons were embedded uniformly, like the chocolate chips
in a scoop of mint chocolate chip ice cream. This so-called plum-pudding model was the
accepted theory for a number of years.

In 1910, New Zealand physicist Ernest Rutherford used a particles to probe the structure
of the atom. He carried out a series of experiments using very thin foils of gold and other metals
as targets for a particles from a radioactive source. He observed that the majority of the a
particles penetrated the foil either completely undeflected or with only a small angle of deflec-
tion. Every now and then, however, an a particle was scattered (or deflected) at a large angle.
In some instances, the a particle actually bounced back in the direction of the radioactive source.
This was an extraordinarily surprising result. In Thomson’s model of the atom, the positive
charge was so diffuse that the a particles, with their relatively high mass, should all have passed
through the foil with little or no deflection. To quote Rutherford’s initial reaction to this dis-
covery: “It was as incredible as if you had fired a 15-inch shell at a piece of tissue paper and
it came back and hit you.” The result of Rutherford’s gold-foil experiment necessitated the
development of a new model of the atom. Figure 2.8 illustrates the results of Rutherford’s
a-scattering experiment.

Nuclear Model of the Atom

Rutherford later explained the results of the a-scattering experiment by proposing a new model
for the atom. According to Rutherford, most of the atom must be empty space. This would
explain why the majority of a particles passed through the gold foil with little or no deflection.
The atom’s positive charges, Rutherford proposed, were all concentrated in the nucleus, which
is an extremely dense central core within the atom. Whenever an a particle came close to a
nucleus in the scattering experiment, it experienced a large repulsive force and therefore a large
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deflection. Moreover, an a particle traveling directly toward a nucleus would be completely
repelled and its direction would be reversed.

The positively charged particles in the nucleus are called protons. In separate experiments,
it was found that each proton carried the same quantity of charge as an electron (just opposite
in sign) but had a mass of 1.67262 x 107* g. Although this is an extremely small value, it is
nearly 2000 times the mass of an electron.

Based on these data, the atom was believed to consist of a nucleus that accounted for most
of the mass of the atom, but which occupied only a tiny fraction of its volume. We express
atomic (and molecular) dimensions using the SI unit picometer (pm), where

Ilpm=1x10"m

A typical atomic radius is about 100 pm, whereas the radius of an atomic nucleus is only
about 5 x 10~ pm. You can appreciate the relative sizes of an atom and its nucleus by
imagining that if an atom were the size of the New Orleans Superdome, the volume of its
nucleus would be comparable to that of a marble. While the protons are confined to the
nucleus of the atom, the electrons are distributed around the nucleus at relatively large dis-
tances from it.

The concept of atomic radius is useful experimentally, but you should not get the impres-
sion that atoms have well-defined boundaries or surfaces. We explain in Chapter 6 that the outer
regions of atoms are actually relatively “fuzzy,” rather than sharply defined.

The Neutron

Rutherford’s model of atomic structure left one major problem unsolved. It was known that
hydrogen, the simplest atom, contained only one proton and that the helium atom contained two
protons. Therefore, the ratio of the mass of a helium atom to that of a hydrogen atom should
be 2:1. (Because electrons are much lighter than protons, their contribution to atomic mass is
insignificant.) In reality, however, the mass ratio of helium to hydrogen is 4:1. Rutherford and
others postulated that there must be another type of subatomic particle in the atomic nucleus,
the proof of which was provided in 1932 by James Chadwick, an English physicist. Chadwick’s
experiments established the existence of a third subatomic particle, the neutron. Neutrons are
so-named because they are electrically neutral, and have a mass slightly greater than that of a
proton. The mystery of the mass ratio could now be explained. A typical helium nucleus consists
of two protons and two neutrons, whereas a typical hydrogen nucleus contains only a proton;
the mass ratio, therefore, is 4:1.

Figure 2.9 shows the location of the elementary particles (protons, neutrons, and electrons)
in an atom. There are other subatomic particles, but the electron, the proton, and the neutron
are the three fundamental components of the atom that are important in chemistry. Table 2.1
lists the masses and charges of these three elementary particles.

e————— ~107'm e———~ 1074 m——

-pprommate volume containing the electrons

Neutron

Student Note: Atomic radii are
sometimes given in angstroms,
where 1angstrom (A) = 1x 107" m.
Using angstroms, a typical atomic
radius is about 1A and a typical
nuclear radius is about 5 x 107° A,

Figure 2.9 The protons and neutrons
in an atom are contained in the tiny
volume of the nucleus. Electrons are
distributed within the sphere
surrounding the nucleus.
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Student Note: Because these symbols
designate isotopes by specifying
numbers of nucleons, they are
sometimes referred to as nuclear
symbols.

TABLE 2.1 Masses and Charges of Subatomic Particles

Particle Mass (g) Charge (C) Charge Unit
Electron® 9.10938 x 107 -1.6022 x 107" -1

Proton 1.67262 x 107 +1.6022 x 107" +1
Neutron 1.67493 x 107 0 0

*More refined measurements have resulted in a small change to Millikan’s original value.

m Atomic Number, Mass Number, and Isotopes

All atoms can be identified by the number of protons and neutrons they contain. The atomic
number (Z) is the number of protons in the nucleus of each atom of an element. It also indicates
the number of electrons in the atom—because atoms are neutral and contain the same number
of protons and electrons. The chemical identity of an atom can be determined solely from its
atomic number. For example, the atomic number of nitrogen is 7. Thus, each nitrogen atom has
seven protons and seven electrons. Or, viewed another way, every atom in the universe that
contains seven protons is a nitrogen atom.

The mass number (A) is the total number of neutrons and protons present in the nucleus of an
atom of an element. Except for the most common form of hydrogen, which has one proton and no
neutrons, all atomic nuclei contain both protons and neutrons. Collectively, protons and neutrons are
called nucleons. A nucleon is a particle within the nucleus. In general, the mass number is given by

mass number (A) = number of protons (Z) + number of neutrons

The number of neutrons in an atom equals the difference between the mass number and the
atomic number, or (A — Z). For example, the mass number of fluorine is 19 and the atomic
number is 9 (indicating 9 protons in the nucleus). Thus, the number of neutrons in an atom of
fluorine is 19 — 9 = 10. The atomic number, number of neutrons, and mass number all must
be positive integers (whole numbers).

The accepted way to denote the atomic number and mass number of an atom of an ele-
ment (X) is as follows:

Mass number

(number of protons + neutrons)
A

Atomic number—— #
(number of protons)

X<— Element symbol

Contrary to the first hypothesis of Dalton’s atomic theory, atoms of a given element do not all
have the same mass. Most elements have two or more isofopes, atoms that have the same atomic
number (Z) but different mass numbers (A). For example, there are three isotopes of hydrogen,
called hydrogen (or protium), deuterium, and tritium. Hydrogen has one proton and no neutrons
in its nucleus, deuterium has one proton and one neutron, and tritium has one proton and two
neutrons. Thus, to represent the isotopes of hydrogen, we write

H H iH
hydrogen deuterium tritium

Similarly, the two common isotopes of uranium (Z = 92), which have mass numbers of 235 and
238, respectively, can be represented as follows:

B0 B

The first isotope, with 235 — 92 = 143 neutrons in its nucleus, is used in nuclear reactors and
atomic bombs, whereas the second isotope, with 146 neutrons, lacks the properties necessary
for these applications. With the exception of hydrogen, which has different names for each of
its isotopes, the isotopes of other elements are identified by their mass numbers. The two isotopes
of uranium are called uranium-235 (pronounced “uranium two thirty-five”) and uranium-238
(pronounced “uranium two thirty-eight””). Because the subscripted atomic number can be deter-
mined from the elemental symbol, it may be omitted from these representations without the loss
of any information. The symbols *H and **U are sufficient to specify the isotopes tritium and
uranium-235, respectively.



SECTION 2.3 Atomic Number, Mass Number, and Isotopes 49

The chemical properties of an element are determined primarily by the protons and elec-
trons in its atoms; neutrons do not take part in chemical changes under normal conditions.
Therefore, isotopes of the same element exhibit similar chemical properties, forming the same
types of compounds and displaying similar reactivities.

Sample Problem 2.2 shows how to calculate the number of protons, neutrons, and electrons
using atomic numbers and mass numbers.

SAMPLE PROBLEM

Determine the numbers of protons, neutrons, and electrons in each of the following species: (a) 35Cl, (b) 37Cl, (c) *'K, and (d) carbon-14.

Strategy Recall that the superscript denotes the mass number (A), and the subscript denotes the atomic number (Z). In the case where no
subscript is shown, as in parts (c) and (d), the atomic number can be deduced from the elemental symbol or name. For the purpose of
determining the number of electrons, remember that atoms are neutral, so the number of electrons equals the number of protons.

Setup Number of protons = Z, number of neutrons = A — Z, and number of electrons = number of protons. Recall that the 14 in carbon-14
is the mass number.

Solution

(a) The atomic number is 17, so there are 17 protons. The mass number is 35, so the number of neutrons is 35 — 17 = 18. The number of
electrons equals the number of protons, so there are 17 electrons.

(b) Again, the atomic number is 17, so there are 17 protons. The mass number is 37, so the number of neutrons is 37 — 17 = 20. The number
of electrons equals the number of protons, so there are 17 electrons, too.

(c) The atomic number of K (potassium) is 19, so there are 19 protons. The mass number is 41, so there are 41 — 19 = 22 neutrons. There
are 19 electrons.

(d) Carbon-14 can also be represented as '“C. The atomic number of carbon is 6, so there are 6 protons and 6 electrons. There are 14 — 6 =
8 neutrons.

THINK ABOUT IT

Verify that the number of protons and the number of neutrons for each example sum to the mass number that is given. In part (a), for
example, there are 17 protons and 18 neutrons, which sum to give a mass number of 35, the value given in the problem. In part (b),
17 protons + 20 neutrons = 37. In part (c), 19 protons + 22 neutrons = 41. In part (d), 6 protons + 8 neutrons = 14.

Practice Problem QTTEM PT How many protons, neutrons,
and electrons are there in an atom of (a) 'IB, (b) *Ar, (c) 33Sr, and
(d) carbon-11?

Practice Problem GU ILD Give the correct symbols to identify an
atom that contains (a) 4 protons, 4 electrons, and 5 neutrons; (b) 23
protons, 23 electrons, and 28 neutrons; (c¢) 54 protons, 54 electrons, and
70 neutrons; and (d) 31 protons, 31 electrons, and 38 neutrons.

Practice Problem GONCEPTUALIZE Based on the numbers of
nucleons, write the nuclear symbol for each of the following diagrams:

(ii) (iii)

CHECKPOINT — SECTION 2.3 Atomic Number, Mass Number, and Isotopes

2.31 How many neutrons are there in an atom of “Ni? 2.3.2 What is the mass number of an oxygen atom with nine
a) 60 neutrons in its nucleus?
b) 30 a) 8
¢) 28 b) 9
4 32 c) 17
e) 29 d) 16
e) 18
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:I Alkali metals

Transition metals

ﬂ Chalcogens
D Alkaline earth metals |:| Halogens

|:| Noble gases

XN The Periodic Table

More than half of the elements known today were discovered between 1800 and 1900. During
this period, chemists noted that the physical and chemical properties of certain groups of ele-
ments were similar to one another. These similarities, together with the need to organize the
large volume of available information about the structure and properties of elemental substances,
led to the development of the periodic table, a chart in which elements having similar chemical
and physical properties are grouped together. Figure 2.10 shows the modern periodic table in
which the elements are arranged by atomic number (shown above the element symbol) in hori-
zontal rows called periods and in vertical columns called groups or families. Elements in the
same group tend to have similar physical and chemical properties.

The elements can be categorized as metals, nonmetals, or metalloids. A metal is a good
conductor of heat and electricity, whereas a nonmetal is usually a poor conductor of heat and
electricity. A metalloid has properties that are intermediate between those of metals and nonmetals.
Figure 2.10 shows that the majority of known elements are metals; only 17 elements are nonmetals,
and fewer than 10 elements are metalloids. Although most sources, including this text, designate
the elements B, Si, Ge, As, Sb, and Te as metalloids, sources vary for the elements Po and At. In
this text, we classify both Po and At as metalloids. From left to right across any period, the physical
and chemical properties of the elements change gradually from metallic to nonmetallic.

Elements are often referred to collectively by their periodic table group
number (Group 1A, Group 2A, and so on). For convenience, however, some
element groups have been given special names. The Group 1A elements, with
the exception of H (i.e., Li, Na, K, Rb, Cs, and Fr), are called alkali metals, and
the Group 2A elements (Be, Mg, Ca, Sr, Ba, and Ra) are called alkaline earth
metals. Elements in Group 6A (O, S, Se, Te, and Po) are sometimes referred to
as the chalcogens. Elements in Group 7A (F, CI, Br, I, and At) are known as
halogens, and elements in Group 8A (He, Ne, Ar, Kr, Xe, and Rn) are called

noble gases, or rare gases. The elements in Group 1B and Groups 3B-8B col-

lectively are called the transition elements or transition metals.

The periodic table is a handy tool that correlates the properties of the ele-

ments in a systematic way and helps us to predict chemical behavior. At the turn

of the twentieth century, the periodic table was deemed “‘the most predictive tool

:

in all of science.” We take a more detailed look at this keystone of chemistry in

Figure 210 The modern periodic
table. The elements are arranged
according to atomic number, which is
shown above each element’s symbol.
With the exception of hydrogen (H),
nonmetals appear at the far right of the
table. The two rows of metals beneath
the main body of the table are set
apart to keep the table from being too
wide. Actually, lanthanum (57) should
follow barium (56), and actinium (89)
should follow radium (88). The 1-18
group designation has been
recommended by the International
Union of Pure and Applied Chemistry
(IUPAC) but this text, we generally use
the standard U.S. notation for group
numbers (1A—8A and 1B—8B).

Chapter 7.
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The following Bringing Chemistry to Life box describes the distribution of the elements
in Earth’s crust.

-

Bringing Chemistry to Life )

Distribution of Elements on Earth

Earth’s crust extends from the surface to a depth of about 40 km (about 25 mi). Because of
technical difficulties, scientists have been unable to study the inner portions of Earth as
easily and as thoroughly as the crust. Nevertheless, it is believed that there is a solid core
consisting mostly of iron at the center of Earth. Surrounding the core is a layer called the
mantle, which consists of hot fluid containing iron, carbon, silicon, and sulfur.

All others 5.3%

Magnesium 2.8%
Silicon ‘

Calcium 4.7%
Iron 6.2%
27.2%

Aluminum 8.3%

Of the 83 elements that are found in nature, 12 make up 99.7 percent of Earth’s crust by
mass. They are, in decreasing order of natural abundance, oxygen (O), silicon (Si), aluminum
(Al), iron (Fe), calcium (Ca), magnesium (Mg), sodium (Na), potassium (K), titanium (Ti),
hydrogen (H), phosphorus (P), and manganese (Mn). When discussing the natural abundance
of the elements, keep in mind that the elements are unevenly distributed throughout Earth’s
crust, and most elements are combined chemically with other elements. Some of the elements
that can be found in nature in pure form include gold, copper, and sulfur.

CHECKPOINT — SECTION 2.4 The Periodic Table

2.41 Which of the following series of elemental symbols lists a 2.4.2 Which of the following elements would you expect to have
nonmetal, a metal, and a metalloid? properties most similar to those of chlorine (Cl)?
a) Ca, Cu, Si d) O, Na, S a) Cu d) Cr
b) K, Mg, B e) Ag, Cr, As b) F e) S
¢) Br, Ba, Ge ¢) Na

m The Atomic Mass Scale and Average
Atomic Mass

In some experimental work, it is important to know the masses of individual atoms, which
depend on the number of protons, neutrons, and electrons they contain. However, even the
smallest speck of dust that our unaided eyes can perceive consists of as many as 1 x 10'® atoms!
Although we cannot weigh a single atom, it is possible to determine experimentally the mass
of one atom relative to another. The first step is to assign a value to the mass of one atom of
a given element so that it can be used as a standard.
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Figure 211 Schematic diagram of
one type of mass spectrometer.

According to international agreement, one atomic mass unit (amu) is defined as a mass
exactly equal to one-twelfth the mass of one carbon-12 atom. (Carbon-12 is the carbon isotope
that has six protons and six neutrons.) Setting the atomic mass of carbon-12 at 12 amu provides
the standard for measuring the atomic mass of the other elements. For example, experiments
have shown that a hydrogen atom ('H) is only 8.3985 percent as massive as the carbon-12 atom.
Thus, if the mass of one carbon-12 atom is exactly 12 amu, the atomic mass of hydrogen must
be 0.083985 x 12 amu, or 1.0078 amu. (Because the mass of the carbon atom is an exact number
[l4« Section 1.5], it does not limit the number of significant figures in the calculated result.)
Similar calculations show that the atomic mass of fluorine-19 is 18.9984 amu and that of oxygen-16
is 15.9949 amu. Thus, although we cannot measure the mass of a single oxygen-16 atom, we
know that it is approximately 16 times as massive as a hydrogen-1 atom.

When you look up the atomic mass of carbon in a table such as the one at the beginning
of this book, you will find that its value is 12.01 amu, not 12.00 amu. The difference arises
because most naturally occurring elements (including carbon) have more than one isotope. This
means that when we measure the atomic mass of an element, we must generally settle for the
average mass of the naturally occurring mixture of isotopes. For example, the natural abundances
of carbon-12 and carbon-13 are 98.93 percent and 1.07 percent, respectively. The atomic mass
of carbon-13 has been determined to be 13.003355 amu. Thus, the average atomic mass of natu-
ral carbon can be calculated as follows:

98.93 1.07
( 100 ) (12.00000 amu) + < 100) (13.003355 amu) = 12.01 amu
Note that this is a weighted average. Because there are many more carbon-12 atoms than
carbon-13 atoms in naturally occurring carbon, the average atomic mass is much closer to the
mass of carbon-12 than to that of carbon-13.

When we say that the atomic mass of carbon is 12.01 amu, we are referring to the average
value. If we could examine an individual atom of naturally occurring carbon, we would never
find one of atomic mass 12.01 amu. We would find either an atom of atomic mass of exactly
12 amu or one of atomic mass 13.003355 amu—although those of atomic mass 12 amu would
be far more common. The atomic masses in the periodic table are average atomic masses. The
term atomic weight is sometimes used to mean average atomic mass.

The atomic masses of many isotopes have been accurately determined to five or six signifi-
cant figures. For most purposes, though, we will use average atomic masses, which are generally
given to four significant figures (see the table at the beginning of this book). For simplicity, we
will omit the word average when we discuss the atomic masses of the elements.

The most direct and most accurate method for determining atomic and molecular masses
is mass spectrometry. In a mass spectrometer, such as that depicted in Figure 2.11, a gaseous
sample is bombarded by a stream of high-energy electrons. Collisions between the electrons and
the gaseous atoms (or molecules) produce positively charged species, called ions, by dislodging
an electron from the atoms or molecules. These positive ions (of mass m and charge e) are
accelerated as they pass through two oppositely charged plates. The emerging ions are deflected
into a circular path by a magnet. The radius of the path depends on the charge-to-mass ratio
(i.e., e/m). Ions with a small e/m ratio trace a wider arc than those having a larger e/m ratio, so
ions with equal charges but different masses are separated from one another. The mass of each
ion (and hence its parent atom or molecule) is determined from the magnitude of its deflection.

Accelerating
plates

Electron
beam

Ton beam
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Figure 212 Mass spectrum of neon.
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Eventually the ions arrive at the detector, which registers a current for each type of ion. The
amount of current generated is directly proportional to the number of ions, so it enables us to
determine the relative abundance of isotopes.

The first mass spectrometer, developed in the 1920s by the English physicist F. W. Aston,
was crude by today’s standards. Nevertheless, it provided indisputable evidence of the existence
of isotopes, such as neon-20 (natural abundance 90.48 percent) and neon-22 (natural abundance
9.25 percent). When more sophisticated and sensitive mass spectrometers became available,
scientists identified a third isotope (neon-21) with natural abundance 0.27 percent (Figure 2.12).
This example illustrates how very important experimental accuracy is to a quantitative science
like chemistry. Early experiments failed to detect neon-21 because its natural abundance was so
small. Only 27 in 10,000 Ne atoms are neon-21.

Sample Problem 2.3 shows how to calculate the average atomic mass of oxygen.

SAMPLE PROBLEM

Oxygen is the most abundant element in both Earth’s crust and the human body. The atomic masses of its three stable isotopes, 'tO (99.757 percent),
1;0 (0.038 percent), and 130 (0.205 percent), are 15.9949, 16.9991, and 17.9992 amu, respectively. Calculate the average atomic mass of
oxygen using the relative abundances given in parentheses. Report the result to four significant figures.

Strategy Each isotope contributes to the average atomic mass based on its relative abundance. Multiplying the mass of each isotope by its
fractional abundance (percent value divided by 100) will give its contribution to the average atomic mass.

Setup Each percent abundance can be converted to a fractional abundance: 99.757 percent to 99.757/100 or 0.99757, 0.038 percent to
0.038/100 or 0.00038, and 0.205 percent to 0.205/100 or 0.00205. Once we find the contribution to the average atomic mass for each isotope,
we can then add the contributions together to get the average atomic mass.

Solution
(0.99757)(15.9949 amu) + (0.00038)(16.9991 amu) + (0.00205)(17.9992) = 15.999 amu ~ 16.00 amu

THINK ABOUT IT

The average atomic mass should be closest to the atomic mass of the most abundant isotope (oxygen-16, in this case) and should, to
the appropriate number of significant figures, be the same number that appears in the periodic table (16.00 amu, in this case).

Practice Problem QTTEMPT The atomic masses of the two stable isotopes of copper, 5% Cu (69.17 percent) and 5Cu (30.83 percent),
are 62.929599 and 64.927793 amu, respectively. Calculate the average atomic mass of copper.

Practice Problem QUILD The average atomic mass of nitrogen is 14.0067. The atomic masses of the two stable isotopes of nitrogen,
"N and "N, are 14.003074002 and 15.00010897 amu, respectively. Use this information to determine the percent abundance of each nitrogen isotope.

Practice Problem GONCEPT UALIZE The following RS ~
diagrams show collections of metal spheres. Each collection 000 . %

consists of two or more different types of metal—represented here 3 ) ) @@ dI \ » )

by different colors. The masses of metal spheres are as follows: () (i) (i)

white = 2.3575 g, black = 3.4778 g, and blue = 5.1112 g. For
each diagram, determine the average mass of a single metal sphere.
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CHECKPOINT — SECTION 2.5 The Atomic Mass Scale and Average Atomic Mass

2.51 Boron has two naturally occurring isotopes, '’B and ''B, 2.5.2 The two naturally occurring isotopes of antimony, '>'Sb
which have masses 10.0129 and 11.0093 amu, respectively. (57.21 percent) and '*Sb (42.79 percent), have masses of
Given the average atomic mass of boron (10.81 amu), de- 120.904 and 122.904 amu, respectively. What is the aver-
termine the percent abundance of each isotope. age atomic mass of Sb?
a) 50% "B, 50% ''B d) 93% "B, 7% "'B a) 121.90 amu d) 121.34 amu
b) 20% '°B, 80% ''B e) 22% "B, 78% ''B b) 122.05 amu e) 122.18 amu

c) 98% °B, 2% ''B

¢) 121.76 amu

Student Note: Note that a multiple
charge is denoted with the number
followed by the sign; thus, 2+ not +2.

m lons and lonic Compounds

Out of all the elements, only the six noble gases in Group 8A of the periodic table (He, Ne,
Ar, Kr, Xe, and Rn) exist in the form of isolated atoms under ordinary conditions. For this
reason, they are called monatomic (meaning a single atom) gases. Most matter is composed of
ions, which we discuss in this section, or molecules, which we discuss in Section 2.7.

The number of positively charged protons in the nucleus of an atom remains the same
during ordinary chemical reactions, but negatively charged electrons may be lost or gained—
resulting in the formation of ions. An ion is an atom (or a group of atoms) that has a net positive
or negative charge. The ions that make up an ionic compound are held together by strong elec-
trostatic forces known as ionic bonds [W Section 8.2].

Atomic lons

An atomic ion or monatomic ion is one that consists of just one atom with a positive or nega-
tive charge. The loss of one or more electrons from an atom yields a cation, an ion with a net
positive charge. For example, a sodium atom (Na) can readily lose an electron to become a
sodium cation, which is represented by Na*:

Na Atom Na* Ion
11 protons 11 protons
11 electrons 10 electrons

An anion is an ion whose net charge is negative due to an increase in the number of electrons.
A chlorine atom (Cl), for instance, can gain an electron to become a chloride ion (C17):

Cl Atom CI™ Ion
17 protons 17 protons
17 electrons 18 electrons

Sodium chloride (NaCl), ordinary table salt, is called an ionic compound because it consists of
cations (Na*) and anions (CI7).

An atom can lose or gain more than one electron. Examples include Mg**, Fe
and N*~. Figure 2.13 shows the charges of many more monatomic ions from across the periodic
table. With very few exceptions, metals tend to form cations and nonmetals form anions. The
charges on monatomic ions of elements in Groups 1A through 7A of the periodic table are fairly
predictable. The cations that form from elements of Groups 1A, 2A, and 3A have charges equal
to their respective group numbers. Most of the anions that form from elements of Groups 4A
through 7A have charges equal to the corresponding group number minus 8. For example, the
monatomic anion formed by oxygen (Group 6A) has a charge of 6 — 8 = —2. You should be
able to determine the charges on ions of elements in Groups 1A through 7A (for any element
that forms only one common ion) using only a periodic table.

A monatomic cation is named simply by adding the word ion to the name of the element.
Thus, the ion of potassium (K*) is known as potassium ion. Similarly, the cations formed by
the elements magnesium and aluminum (Mg** and AI’") are called magnesium ion and aluminum

3+ 2—
9 S 9
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1A 8A Figure 213 Common monatomic
1 18 ions arranged by their positions in the
2A 3A° 4A SA 6A TA periodic table. Note that mercury(l),
2 13 14 15 16 17 Hg%*, is actually a polyatomic ion.
Li* ci- - o2 BE-
Nat [Mg2t| 3B 4B 5B 6B 7B 8B 1B 2B [Ap+ P3| S2- | CI-
: 3 4 5 6 7 8 9 10 11 12
V2+ | Cr?t [Mn2t| Fe?+ | Co?+ [ Ni2* | Cut A h
K+ [€a%+ 3+ |3 M3+ Fed+ | Co?+ N;3+ C::2+ o’ Se’~ | Br
Names and
+ g2+ o Sn* 2- -
Rb™ [Sr Ag™ |Cd Sn+ Te I Formulas
f Som
Cs* |Ba?+ Aut [Hg}*| (bt TABLE 2.2 | ofSome
Au’t |Hg2* Ph4+ Common
Monatomic
lons
Name Formula
Cations
ion, respectively. It is not necessary for the name to specify the charge on these ions because aluminum AP*
their charge's are equal to their group numbers. ' . D Ba**
Certain metals, especially the transition metals, can form cations of more than one possible dmi ot
charge. Iron, for example, can form Fe** and Fe**. An older nomenclature system that is still cadmium o
in limited use assigns the ending —ous to the cation with the smaller positive charge and the calcium Ca
ending —ic to the cation with the greater positive charge: cesium Cs*
Fe**: ferrous ion chromium(III) crt
3+, -
Fe’™: ferric ion cobalt(IT) Co?*
This method of naming ions has some distinct limitations. First, the —ous and —ic suffixes indi- copper(l) Cu*
cate the relative charges of the two cations involved, not the actual charges. Thus, Fe** is the copper(Il) Cu2t
ferric ion, but Cu’" is the cupric ion. In addition, the —ous and —ic endings make it possible to hvd 0
name only two cations with different charges. Some metals, such as manganese (Mn), can form ydrogen -
cations with three or more different charges. iron(II) Fe™
Therefore, it has bec?me increasingly common to designate different cations with Roman iron(I11) Fe3t
numerals, using the Stock” system. In this system, the Roman numeral I indicates a positive lead(II) Pb2*
charge of one, Il means a positive charge of two, and so on, as shown for manganese:
5 ) lithium Li*
Mn**: manganese(Il) ion . Mo+
Mn**: manganese(Ill) ion magnesium g2
Mn**: manganese(IV) ion manganese(I) Mn*
2+
These names are pronounced “manganese-two ion,” “manganese-three ion,” and “manganese- mercury(Il) Hg
four ion,” respectively. Using the Stock system, the ferrous and ferric ions are iron(II) and potassium K*
iron(III), respectively. To avoid confusion, and in keeping with modern practice, we use the silvern Agt
Stock system to name compounds in this textbook. . +
. .. . . , . sodium Na
A monatomic anion is named by changing the ending of the element’s name to —ide, and oy
adding the word ion. Thus, the anion of chlorine (C17), is called chloride ion. The anions of strontrum St
carbon, nitrogen, and oxygen (C4_, N3_, and 02_) are called carbide, nitride, and oxide, respec- tin(1l) Sn2*
tively. Because there is only one possible charge for an ion formed from a nonmetal, it is - Zn*
unnecessary for the ion’s name to specify its charge. Table 2.2 lists alphabetically a number of .
common monatomic ions. Anions
bromide Br~
Polyatomic lons chloride cr
I . L - fluoride Ky
ons that consist of a combination of two or more atoms are called polyatomic ions. The atoms
that make up a polyatomic ion are held together by covalent chemical bonds [ Section 8.3]. hydride H™
Because these ions are encountered frequently throughout general chemistry, it is important that iodide I
nitride N°-
oxide (o
3. Alfred E. Stock (1876-1946). German chemist. Stock did most of his research in the synthesis and characterization of boron, beryllium, sulfide SZ—

and silicon compounds. He was a pioneer in the study of mercury poisoning.
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Student Note: Some oxoanions occur
in series of ions that contain the same
central atom and have the same
charge, but contain different numbers
of oxygen atoms.

perchlorate ClOg
chlorate ClO3
chlorite ClO3
hypochlorite Clo™
nitrate NO3
nitrite NO3
phosphate PO;~
phosphite PO3~
sulfate Neorm
sulfite S0%-

TABLE 2.3 | Common Polyatomic lons

Name Formula/Charge
Cations
ammonium NHZ
hydronium H;0"
mercury(l) Hg3*
Anions
acetate C,H;0;
azide N3
carbonate CO3~
chlorate ClO3
chlorite ClO3
chromate CrO;~
cyanide CN™
dichromate Cr,07"
dihydrogen phosphate H,PO;
hydrogen carbonate or bicarbonate HCOj3
hydrogen phosphate HPO;~
hydrogen sulfate or bisulfate HSO;
hydroxide OH™
hypochlorite ClO™
nitrate NO3
nitrite NO;
oxalate G045
perchlorate ClOy
permanganate MnOj}
peroxide 03
phosphate POy~
phosphite PO3~
sulfate SO~
sulfite SO3”
thiocyanate SCN™

you learn and commit to memory the names, formulas, and charges of the polyatomic ions listed
in Table 2.3. Although most of the common polyatomic ions are anions, a few are cations.

Formulas of lonic Compounds

The formulas of ionic compounds indicate the smallest whole number ratio in which the ions
combine to form an electrically neutral substance. For example, in sodium chloride, sodium ions and
chloride ions combine in a 1:1 ratio, making the formula NaCl. In magnesium chloride, magnesium
ions and chloride ions are combined in a 1:2 ratio, making the formula MgCl,. Formulas such as
these, that indicate the ratio of combination, are called empirical formulas. The word empirical
means “from experience” or, in the context of chemical formulas, “from experiment.”

An ionic compound does not exist as a collection of discrete units—there is no such thing
as an NaCl particle. Rather, it consists of a vast, highly ordered array of interspersed cations
and anions called a latfice. For example, solid sodium chloride (NaCl) consists of equal numbers of
Na* and CI™ ions arranged in a three-dimensional network of alternating cations and anions
(Figure 2.14). As you can see in Figure 2.14, no Na* ion in NaCl is associated with any particular
Cl™ ion. In fact, each Na* ion is surrounded by six Cl~ ions and vice versa. In other ionic
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Figure 214 An electron is

transferred from the sodium atom to
" ; the chlorine atom, giving a sodium ion

and a chloride ion. The oppositely

Sodium atom (Na)

Sodium ion (Na%)

y
11e Loses an
electron

\J\

N

@ '
Gains an
electron

Chlorine atom (CI)

charged ions are attracted to each
other electrostatically and form a
solid lattice.

Chloride ion (C17) . "
Electron transfer Sodium chloride crystal (NaCl)

compounds, the actual structure may be different, but the arrangement of cations and anions is
such that the compounds are all electrically neutral. The charges on the cation and anion are
not shown in the formula for an ionic compound.

For ionic compounds to be electrically neutral, the sum of the charges on the cations and
anions in each formula unit must be zero. When the charges on the cations and anions are
numerically equal, the ions will combine in a 1:1 ratio. If the charges on the cations and anions
are numerically different, you can apply the following guideline to make the formula electrically
neutral (and thus obtain the empirical formula): Write a subscript for the cation that is numeri-
cally equal to the charge on the anion and a subscript for the anion that is numerically equal to
the charge on the cation. As we have seen in the cases of NaCl and MgCl,, when the appropriate
subscript would be 1, we do not include it in the formula.

Let’s consider some examples.

Potassium Bromide The potassium ion (K*) and the bromide ion (Br~) combine to form the
ionic compound potassium bromide. The sum of the charges is 1 + (—=1) = 0, so no subscripts
are necessary. The formula is KBr.

Zinc lodide The zinc ion (Zn*") and the iodide ion (I") combine to form zinc iodide. The
sum of the charges of one Zn** ion and one I~ ion is 42 + (=1) = +1. To make the charges
add up to zero, we multiply the —1 charge of the anion by 2 and add the subscript “2” to the
symbol for iodine. Thus, the formula for zinc iodide is Znl,.

Ammonium Chloride The cation is NHJ and the anion is C1~. The sum of the charges is
1 + (—1) = 0, so the ions combine in a 1:1 ratio and the resulting formula is NH,CI.

Aluminum Oxide The cation is AI’* and the anion is O*". The following diagram can be
used to determine the subscripts for this compound:

A13+ 02—

Al,O3
The sum of the charges for aluminum oxide is 2(+3) + 3(—2) = 0. Thus, the formula is Al,Os.

Calcium Phosphate The cation is Ca’" and the anion is PO;™. The following diagram can
be used to determine the subscripts:

Ca2+ PO}

Ca3(POy)2

The sum of the charges is 3(+2) + 2(—3) = 0. Thus, the formula for calcium phosphate is
Ca3(POy4),. When we add a subscript to a polyatomic ion, we must first put parentheses around
the ion’s formula to indicate that the subscript applies to all the atoms in the polyatomic ion.
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Naming lonic Compounds

Early in the history of modern chemistry, when relatively few compounds were known, it was
possible for chemists to memorize compound names—many of which were derived from physi-
cal appearance, properties, origin, or application of a compound. Examples include milk of
magnesia, laughing gas, baking soda, and formic acid (formica is the Latin word for ant, and
formic acid is the compound responsible for the sting of an ant bite).

Today there are many millions of known compounds, and many more being discovered or
synthesized every year, so it would be impossible to memorize all of their names. Fortunately,
it is unnecessary, because over the years chemists have devised a convenient system for naming
chemical substances. The rules are the same worldwide, facilitating communication among sci-
entists and providing a useful way of labeling an overwhelming variety of substances. Mastering
these rules now will benefit you tremendously as you progress through your chemistry course.
You must be able to name a compound, given its chemical formula, and you must be able to
write the chemical formula of a compound, given its name.

An ionic compound is named simply by using the name of the cation followed by the
name of the anion, eliminating the word ion from each. Several examples were given earlier in
the Formulas of Tonic Compounds section. Other examples are sodium cyanide (NaCN), potassium
permanganate (KMnQO,), and ammonium sulfate [(NH,4),SO,]. Note that the names of these ionic
compounds do not indicate the ratios of combination explicitly—although the chemical formulas
do. There is only one neutral combination possible for each of these examples. Lithium ion has
a charge of +1, always. Cyanide ion has a charge of —1, always. Their ratio of combination can
only be 1:1. The same is true of potassium permanganate, in which the charges are also +1 and —1.
Ammonium ion has a charge of +1 and sulfate ion has a charge of —2, always—making the
only possible neutral combination of ammonium and sulfate ions 2:1. With ionic compounds, it
is unnecessary to include the ratio of combination in the name because the charges on the ions
are known.

In cases where a metal cation can have more than one possible charge, recall that the
charge is indicated in the name of the ion with a Roman numeral in parentheses. Thus, the
compounds FeCl, and FeCl; are named iron(Il) chloride and iron(Ill) chloride, respectively.
(These are pronounced “iron-two chloride” and “iron-three chloride.”)

Sample Problems 2.4 and 2.5 illustrate how to name ionic compounds and write formulas
for ionic compounds based on the information given in Tables 2.2 and 2.3.

SAMPLE PROBLEM

Name the following ionic compounds: (a) MgO, (b) AI(OH);, and (c) Fey(SO,);.
Strategy Begin by identifying the cation and the anion in each compound, and then combine the names for each, eliminating the word ion.

Setup MgO contains Mg2+ and 02_, the magnesium ion and the oxide ion; AI(OH); contains AP* and OH", the aluminum ion and the
hydroxide ion; and Fe,(SO,); contains Fe’* and SO2~, the iron(IIl) ion and the sulfate ion. We know that the iron in Fe,(SO,); is iron(I1I),
Fe*, because it is combined with the sulfate ion in a 2:3 ratio.

Solution (a) Combining the cation and anion names, and eliminating the word ion from each of the individual ions’ names, we get magnesium
oxide as the name of MgO; (b) Al(OH); is aluminum hydroxide; and (c) Fe,(SO,); is iron(1ll) sulfate.

THINK ABOUT IT

Be careful not to confuse the subscript in a formula with the charge on the metal ion. In part (c), for example, the subscript on Fe is 2,
but this is an iron(lll) compound.

Practice Problem GTTEMPT Name the following ionic compounds: (a) Na,SO,, (b) Cu(NOs3),, (c) Fe;(CO3);.

Practice Problem GUILD Name the following ionic compounds: (a) K,Cr,0-, (b) Li,C,0,, (¢) CuNOs. % ‘"ﬁ"‘

[
Practice Problem GONCEPT UALIZE The diagram represents a small sample of an ionic compound where 6’6"\9
red spheres represent nitrate ions and grey spheres represent iron ions. Deduce the correct formula and name of the 6" (")

compound.
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SAMPLE PROBLEM

Deduce the formulas of the following ionic compounds: (a) mercury(I) chloride, (b) lead(Il) chromate, and (c) potassium hydrogen phosphate.
Strategy Identify the ions in each compound, and determine their ratios of combination using the charges on the cation and anion in each.

Setup (a) Mercury(I) chloride is a combination of Hg%+ and CI™. [Mercury(l) is one of the few cations listed in Table 2.3.] In order to
produce a neutral compound, these two ions must combine in a 1:2 ratio. (b) Lead(II) chromate is a combination of Pb** and CrOj~. These
jons combine in a 1:1 ratio. (c) Potassium hydrogen phosphate is a combination of K* and HPO3~. These ions combine in a 2:1 ratio.

Solution The formulas are (a) Hg,Cl,, (b) PbCrO,, and (c¢) K,HPO,.

THINK ABOUT IT

Make sure that the charges sum to zero in each compound formula. In part (a), for example, Hg3™ + CI~ = (2+) + 2(—1) = 0; in part (b),
(+2) + (=2) = 0; and in part (c), 2(+1) + (-2) = O.

Practice Problem QTTEMPT Deduce the formulas of the following ionic compounds: (a) lead(II) chloride, (b) magnesium carbonate,
and (c) ammonium phosphate.

Practice Problem GUILD Deduce the formulas of the following ionic compounds: (a) iron(IIl) sulfide, (b) mercury(II) Jg o 4
nitrate, and (c) potassium sulfite. »)JQJU‘J
JILPID
Practice Problem GONCEPT UALIZE The diagram represents a small sample of an ionic compound where yellow @ D @0
spheres represent sulfite ions and blue spheres represent copper ions. Deduce the correct formula and name of the compound. JOJ

Oxoanions

Oxoanions are polyatomic anions that contain one or more oxygen atoms and one atom (the
“central atom”) of another element. Examples include the chlorate (ClOj3), nitrate (NO3), and Student Note:
sulfate (SOZ7) ions. Often, two or more oxoanions have the same central atom but different
numbers of O atoms (e.g., NO3 and NO,). Starting with the oxoanions whose names end in —ate,
we can name these ions as follows:

1. The ion with one more O atom than the —ate ion is called the per . . . ate ion. Thus,
ClO3 is the chlorate ion, so ClO; is the perchlorate ion.

2. The ion with one less O atom than the —ate anion is called the —ite ion. Thus, ClO; is
the chlorite ion.

3. The ion with rwo fewer O atoms than the —ate ion is called the hypo . . . ite ion. Thus,
ClO™ is the hypochlorite ion.

chlorate nitrate

sulfate

At a minimum, you must commit to memory the formulas and charges of the oxoanions whose
names end in —ate so that you can apply these guidelines when necessary.
Sample Problem 2.6 tests your ability to name and identify oxoanions.

SAMPLE PROBLEM

Name the following species: (a) BrOz, (b) HCO3, and (c) SO3".
Strategy Each species is an oxoanion. Identify the “reference oxoanion” (the one with the —ate ending) for each, and apply the rules to determine

appropriate names.

Setup (a) Chlorine, bromine, and iodine (members of Group 7A) all form analogous series of oxoanions with one to four oxygen atoms.
Thus, the reference oxoanion is bromate (BrOj3), which is analogous to chlorate (C1O3). In part (b), HCO3 has one more hydrogen than the
carbonate ion (CO%‘). In part (c), the reference ion is sulfate (SO).

Solution (a) BrO; has one more O atom than the bromate ion (BrO3), so BrOj is the perbromate ion. (b) CO3™ is the carbonate ion. Because
HCO; has one ionizable hydrogen atom, it is called the hydrogen carbonate ion. (c) SO3™ has one less oxygen atom than the reference ion, so
it is the sulfite ion.

(Continued on next page)
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THINK ABOUT IT
Remembering all these names and formulas is greatly facilitated by memorizing the common ions that end in —ate.

chlorate ClO3 nitrate NO3 bromate BrO3 oxalate C,0% phosphate PO;~
jodate 103 carbonate CO32~ sulfate  SOZ~ chromate  CrO2~ permanganate MnOj

Practice Problem eU ILD Name the following species: (a) 103,

Practice Problem QTTEMPT Name the following species: (a) BrO™, (b) HSOy, and (c) C,Of .
(b) HCrOy, and (c) HC,0j.
Practice Problem (QONCEPTUALIZE The diagrams show models

of a series of oxoanions. Which of the models represent an anion whose name i

ends in —ate? (@) (ii) (iii) (iv)

Hydrates

Hydrates are ionic compounds that also contain water molecules within their solid structure. In
its normal state, for example, each unit of copper(Il) sulfate has five water molecules associated
with it. The systematic name for this compound is copper(Il) sulfate pentahydrate, and its for-
mula is written as CuSO, - SH,O. The water molecules can be driven off by heating. When this
occurs, the resulting compound is CuSOy, which is sometimes called anhydrous copper(Il) sul-
fate; anhydrous means that the compound no longer has water molecules associated with it.
Hydrates and the corresponding anhydrous compounds often have distinctly different physical
and chemical properties (Figure 2.15).
Some other hydrates are

Figure 215 CuSO, is white. The BaCl, - 2H,0 barium chloride dihydrate
entahydrate, CuSQy, - 5H,0, is blue. . s .

P Y ) e ) LiCI - H,0 lithium chloride monohydrate

©McGraw-Hill Education/Charles D. Winters,

photographer MgSO, - TH,O magnesium sulfate heptahydrate

Sr(NOs), - 4H,0 strontium nitrate tetrahydrate

CHECKPOINT — SECTION 2.6 lons and lonic Compounds

2.61 What is the correct name of the compound PbSO,? 2.6.4 What is the formula of nickel(II) nitrate hexahydrate?
a) Lead sulfate d) Monolead sulfate a) NiNO; - 6H,O d) NiNO; - 12H,0
b) Lead(I) sulfate e) Lead monosulfate b) Ni,NO; - 6H,O e) Ni(NO3), - 12H,0
¢) Lead(Il) sulfate ¢) Ni(NOs), - 6H,O
2.6.2 What is the correct formula for the compound iron(III) 2.6.5 What is the correct formula for sodium nitride?
?
carbonate? a) NaN d) NaNO,
a) FCCO3 d) Fez(CO3)3 b) NaN3 C) NaN02
b) FC3CO3 e) Fe3(CO3)2 C) Na3N
C) FC2CO3
2.6.6 What is the correct name of the compound Hg,CrO,?
26.3 nggh of the following is the correct formula for nitrous a) Mercury(I) chromate d) Dimercury chromate
acid?
b) Mercury(II) chromate e) Monomercury chromate
a) HNO d) HNO,
¢) Mercury dichromate
b) HN,O e) HNO,
¢) N,O
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Molecules and Molecular Compounds

A molecule is an electrically neutral combination of at least two atoms in a specific arrangement
held together by electrostatic forces known as covalent chemical bonds [l Section 8.3]. A
molecule may contain atoms of the same element, or it may contain atoms of two or more ele-
ments joined in a fixed ratio, in accordance with the law of definite proportions [« Section 2.1].
Thus, a molecule can be an element or it can be a compound, which, by definition, is made up
of two or more elements [l4¢ Section 1.2]. Hydrogen gas, for example, is an element, but it
consists of molecules, each of which is made up of two H atoms. Water, on the other hand, is
a compound that consists of molecules, each of which contains two H atoms and one O atom.

The hydrogen molecule, symbolized as H,, is called a diatomic molecule because it contains
two atoms. Other elements that normally exist as diatomic molecules are nitrogen (N,), oxygen (O,),
and the Group 7A elements—fluorine (F,), chlorine (Cl,), bromine (Br,), and iodine (I,). These are
known as homonuclear diatomic molecules because both atoms in each molecule are of the same
element. A diatomic molecule can also contain atoms of different elements. Examples of these
heteronuclear diatomic molecules include hydrogen chloride (HCl) and carbon monoxide (CO).

Most molecules contain more than two atoms. They can all be atoms of the same element,
as in ozone (O;) and white phosphorus (P,), or they can be combinations of two or more dif-
ferent elements, as in water (H,O) and methane (CH,). Molecules containing more than two
atoms are called polyatomic molecules.

(o
Q
A

Homonuclear diatomic Heteronuclear diatomic Polyatomic

Molecular Formulas

A chemical formula denotes the composition of the substance. A molecular formula shows the
exact number of atoms of each element in a molecule. In our discussion of molecules, each example
was given with its molecular formula in parentheses. Thus, H, is the molecular formula for hydrogen,
0, is that for oxygen, Oj is that for ozone, and H,O is that of water. The subscript numeral indicates
the number of atoms of an element present in the molecule. There is no subscript for O in H,O
because there is only one atom of oxygen in a molecule of water. Just as with the formulas of ionic
compounds, we do not write 1 as a subscript. Oxygen (O,) and ozone (O;) are allotropes of oxygen.
An allotrope is one of two or more distinct forms of an element. Two of the allotropic forms of the
element carbon—diamond and graphite—have dramatically different properties (and prices).

We can also represent molecules with structural formulas. The structural formula shows
not only the elemental composition, but also the general arrangement of atoms within the
molecule. In the case of water, each of the hydrogen atoms is connected to the oxygen atom.
Figure 2.16 shows the molecular formula, structural formula, and molecular models (both ball-
and-stick and space-filling variety) for water. Note that the chemical bond between two atoms
can be represented with either a pair of dots or a line.

In Chapters 8 and 9, we explain how to use the molecular formula to deduce the structural
formula and the three-dimensional arrangement of a molecule. We use all of these methods for
representing molecules throughout the book, so you should be familiar with each method and
with the information it provides.

Sample Problem 2.7 shows how to write a molecular formula from the corresponding
molecular model.

SAMPLE PROBLEM

Write the molecular formula of ethanol based on its ball-and-stick model, shown here.

Strategy See Table 1.1.

Setup There are rwo carbon atoms, six hydrogen atoms, and one oxygen atom, so the subscript on C will be 2 and the

subscript on H will be 6, and there will be no subscript on O.

Solution C,HsO

H,0

H:O:H

H—O—H

Q

Figure 216 Several ways to
represent the water molecule.

Ethanol

61

(Continued on next page)
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THINK ABOUT IT

Often the molecular formula for an organic compound such as ethanol is written so that the formula more closely resembles the actual
arrangement of atoms in the molecule. Thus, the molecular formula for ethanol is commonly written as C,HsOH.

Practice Problem QTTEM PT Chloroform was used as an anesthetic for childbirth and surgery during the nineteenth century. Write the
molecular formula for chloroform based on the molecular model shown here.

40
o

Chloroform

Practice Problem GU ILD Write the molecular formula for acetone based on the molecular model shown below.

Student Note: Note that acetone
contains a double bond. Multiple
bonds between atoms are discussed
in Chapters 8 and 9.

)
- \
- ~

Acetone

Practice Problem GONCEPT UALIZE How many ball-and-stick models of ethanol molecules can be constructed using the collection
of balls shown here? How many of each color ball will be left over?

PIIIIIIY
888: HIIIIIIII
PIIIIIIIIY

Naming Molecular Compounds

Most molecular substances are binary compounds, meaning that they are composed of atoms of two
different elements. Binary molecular compounds contain two different nonmetals (see Figure 2.10).
(The term binary can also refer to ionic compounds composed of two different elements—a metal
and a nonmetal.) To name a binary molecular compound, we first name the element that appears
first in the formula. For HCI that would be hydrogen. We then name the second element, chang-
ing the ending of its name to —ide. For HCI, the second element is chlorine, so we would change
chlorine to chloride. Thus, the systematic name of HCI is hydrogen chloride. Similarly, HI is
hydrogen iodide (iodine — iodide) and SiC is silicon carbide (carbon — carbide).

Unlike the case with binary ionic compounds, which can only combine in one specific ratio,
it is quite common for one pair of nonmetallic elements to form several different binary molecular
compounds. In these cases, confusion in naming the compounds is avoided by the use of Greek
prefixes to denote the number of atoms of each element present. Some of the Greek prefixes are
listed in Table 2.4, and several compounds named using prefixes are listed in Table 2.5.

TABLE 2.4 | Greek Prefixes TABLE 2.5 Some Compounds Named Using

Greek Prefixes

Prefix Meaning Prefix Meaning

Mono— 1 Hexa— 6 Compound Name Compound Name
Di— o) Hepta— 7 CO Carbon SO; Sulfur
Tri 3 Oct 3 monoxide trioxide

I1— cta—

T 4 N 9 CO, Carbon NO, Nitrogen
etra= ona= dioxide dioxide

Penta- J Deca- U S0, Sulfur N,O: Dinitrogen

dioxide pentoxide
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The prefix mono— is generally omitted for the first element. SO,, for example, is named
sulfur dioxide, not monosulfur dioxide. Thus, the absence of a prefix for the first element usually
means there is only one atom of that element present in the molecule. In addition, for ease of
pronunciation, we usually eliminate the last letter of a prefix that ends in “0” or “a” when nam-
ing an oxide. Thus, N,Os is dinitrogen pentoxide, rather than dinitrogen pentaoxide.

Sample Problem 2.8 gives you some practice naming binary molecular compounds from

their formulas.

SAMPLE PROBLEM

Name the following binary molecular compounds: (a) NF; and (b) N,O,.
Strategy Each compound will be named using the systematic nomenclature including, where necessary, appropriate Greek prefixes.

Setup With binary compounds, we start with the name of the element that appears first in the formula, and we change the ending of the
second element’s name to —ide. We use prefixes, where appropriate, to indicate the number of atoms of each element. In part (a) the molecule
contains one nitrogen atom and three fluorine atoms. We will omit the prefix mono— for nitrogen because it is the first element listed in the
formula, and we will use the prefix 77i— to denote the number of fluorine atoms. In part (b) the molecule contains two nitrogen atoms and four
oxygen atoms, so we will use the prefixes di— and tefra— in naming the compound. Recall that in naming an oxide, the last letter of a prefix

73Rt} @ 9

that ends in “a” or “o0” is omitted.

Solution (a) nitrogen trifluoride and (b) dinitrogen tetroxide

THINK ABOUT IT

Make sure that the prefixes match the subscripts in the molecular formulas and that the word oxide is not preceded immediately by an

“an “ »

a oran o.

Practice Problem QTTEM PT Name the following binary molecular compounds: (a) CL,O and (b) SiCly.
Practice Problem GUILD Name the following binary molecular compounds: (a) ClO, and (b) CBry.
Practice Problem GONCEPT UALIZE Name the binary molecular compound shown.

Writing the formula for a molecular compound, given its systematic name, is usually
straightforward. For instance, the name boron trichloride indicates the presence of one boron
atom (no prefix) and three chlorine atoms (#ri—), so the corresponding molecular formula is BCl;.
Note once again that the order of the elements is the same in both the name and the formula.

Sample Problem 2.9 gives you some practice determining the formulas of binary molecular
compounds from their names.

SAMPLE PROBLEM

Write the chemical formulas for the following binary molecular compounds: (a) sulfur tetrafluoride and (b) tetraphosphorus decasulfide.
Strategy The formula for each compound will be deduced using the systematic nomenclature guidelines.

Setup In part (a) there is no prefix for sulfur, so there is only one sulfur atom in a molecule of the compound. Therefore, we will use no
prefix for the S in the formula. The prefix fetra— means that there are four fluorine atoms. In part (b) the prefixes retra— and deca— denote
four and ten, respectively.

Solution (a) SF4 and (b) P4S10

(Continued on next page)
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THINK ABOUT IT

Double-check that the subscripts in the formulas match the prefixes in the compound names: (a) 4 = tetra and (b) 4 = tetra and 10 = deca.

Practice Problem QTTEM PT Give the molecular formula for each of the following compounds: (a) carbon disulfide and

(b) dinitrogen trioxide.

Practice Problem BU ILD Give the molecular formula for each of the following compounds: (a) sulfur hexafluoride and

(b) disulfur decafluoride.

Practice Problem GONCEPT UALIZE Draw a molecular model of sulfur trioxide.

Student Note: Binary compounds
containing carbon and hydrogen are
organic compounds and do not follow
the same naming conventions as
other molecular compounds. Organic
compounds and their nomenclature
are discussed in detail in Chapter 25.

Student Note: In Chapter 16, we
explore acids and bases in greater
detail; and we explain that there are
other ways to define the terms acid
and base.

Student Note: An ion is a charged
species.

The names of molecular compounds containing hydrogen do not usually conform to the
systematic nomenclature guidelines. Traditionally, many of these compounds are called either
by their common, nonsystematic names or by names that do not indicate explicitly the number
of H atoms present:

B,Hg Diborane PH; Phosphine
SiH, Silane H,0O Water
NH; Ammonia H,S Hydrogen sulfide

Even the order in which the elements are written in these hydrogen-containing compounds is
irregular. In water and hydrogen sulfide, H is written first, whereas it is written last in the other
compounds.

Simple Acids

Acids make up another important class of molecular compounds. One definition of an acid is
a substance that produces hydrogen ions (H") when dissolved in water. Several binary molecular
compounds produce hydrogen ions when dissolved in water and are, therefore, acids. In these
cases, two different names can be assigned to the same chemical formula. For example, HCI,
hydrogen chloride, is a gaseous compound. When it is dissolved in water, however, we call it
hydrochloric acid. The rules for naming simple acids of this type are as follows: remove the
—gen ending from hydrogen (leaving hydro—), change the —ide ending on the second element to
—ic, combine the two words, and add the word acid.

hydrogen chloride + —ic acid — hydrochloric acid

Likewise, hydrogen fluoride (HF) becomes hydrofiuoric acid. Table 2.6 lists these and other
examples.

For a compound to produce hydrogen ions upon dissolving, it must contain at least one
ionizable hydrogen atom. An ionizable hydrogen atom is one that separates from the molecule
upon dissolving and becomes a hydrogen ion (H").

Oxoacids

In addition to the simple acids, there is another important class of acids known as oxoacids,
which ionize to produce hydrogen ions and the corresponding oxoanions. The formula of an

TABLE 2.6 | Some Simple Acids

Formula Binary Compound Name Acid Name
HF Hydrogen fluoride Hydrofluoric acid
HCI Hydrogen chloride Hydrochloric acid
HBr Hydrogen bromide Hydrobromic acid
HI Hydrogen iodide Hydroiodic acid

HCN* Hydrogen cyanide Hydrocyanic acid

*Although HCN is not a binary compound, it is included in this table because it is similar chemically to HF, HCI, HBr, and HI.
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oxoacid can be determined by adding enough H* ions to the corresponding oxoanion to yield a
formula with no net charge. For example, the formulas of oxoacids based on the nitrate (NO3)
and sulfate (SO?") ions are HNO; and H,SO,, respectively. The names of oxoacids are derived
from the names of the corresponding oxoanions using the following guidelines:

1. An acid based on an —ate ion is called . . . ic acid. Thus, HCIOj; is called chloric acid.

2. An acid based on an —ite ion is called . . . ous acid. Thus, HCIO, is called chlorous acid.

3. Prefixes in oxoanion names are retained in the names of the corresponding oxoacids. Thus,
HCI10, and HCIO are called perchloric acid and hypochlorous acid, respectively.

Many oxoacids, such as H,SO, and H;PO,, are polyprotic acid—meaning that they have more
than one ionizable hydrogen atom. In these cases, the names of anions in which one or more
(but not all) of the hydrogen ions have been removed must indicate the number of H ions that
remain, as shown for the anions derived from phosphoric acid:

H;PO,; phosphoric acid HPO;~ hydrogen phosphate ion
H,PO; dihydrogen phosphate ion PO;~ phosphate ion

Sample Problem 2.10 lets you practice identifying and naming oxoacids.

SAMPLE PROBLEM

Determine the formula of sulfurous acid.

Strategy The —ous ending in the name of an acid indicates that the acid is derived from an oxoanion ending in —ite. Determine the formula
and charge of the oxoanion, and add enough hydrogens to make a neutral formula.

Setup The sulfite ion is SO3 .

Solution The formula of sulfurous acid is H,SOj;.

THINK ABOUT IT

Note that none of the oxoacids’ names begins with the prefix hydro—. The prefix hydro— in an acid’s name indicates that the acid is
binary.

Practice Problem QTTEM PT Determine the formula of perbromic acid. (Refer to the information in Sample Problem 2.6.)
Practice Problem GU ILD Determine the formula of chromic acid.

Practice Problem GQNCEPT UALIZE Referring to the diagrams in Practice Problem 2.6C, which of the ions shown would be part
of an acid whose name begins with a prefix?

So far, our discussion of nomenclature has focused on inorganic compounds, which gener-
ally are defined as compounds that do not contain carbon—although some carbon-containing
species such as CN™ and CO3™ are considered inorganic. Another important class of molecular
substances is organic compounds, which have their own system of nomenclature. Organic
compounds contain carbon and hydrogen, sometimes in combination with other elements such
as oxygen, nitrogen, sulfur, and the halogens. The simplest organic compounds are those that
contain only carbon and hydrogen and are known as hydrocarbons. Among hydrocarbons, the
simplest examples are compounds known as alkanes. The name of an alkane depends on the
number of carbon atoms in the molecule. Table 2.7 gives the molecular formulas, systematic
names, and ball-and-stick models of some of the simplest alkanes.
Many organic compounds are derivatives of alkanes in which one of the H atoms has been
replaced by a group of atoms known as a functional group. The functional group determines
many of the chemical properties of a compound because it typically is where a chemical reaction \
occurs. Table 2.8 lists the names and provides ball-and-stick models of several important func- )
tional groups.
Ethanol, for example, the alcohol in alcoholic beverages, is ethane (C,Hg) with one of the )
hydrogen atoms replaced by an alcohol (—OH) group. Its name is derived from that of ethane, \
indicating that it contains two carbon atoms. Ethanol
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TABLE 2.7 Formulas, Names, and Models of Some Simple Alkanes

Formula Name Model

CH,4 Methane /é. \

C,Hg Ethane
C;Hy Propane - \'/\/ \
C4Hyo Butane . /‘\'/‘\/ ‘

CsHj, Pentane
CeHis Hexane A )

C;Hyg Heptane

b 'Y N 'Y - ) h )
CgH g Octane ~ W )
CyHy Nonane . M )

CoHp Decane

The molecular formula of ethanol can also be written C,HsO, but C,HsOH conveys more
information about the structure of the molecule. Organic compounds and several functional
groups are discussed in greater detail in Chapter 25.

Empirical Formulas of Molecular Substances

In addition to the ways we have learned so far, like ionic substances, molecular substances can
be represented using empirical formulas [l44¢ Section 2.6]. The empirical formula tells what
elements are present in a molecule and in what whole number ratio they are combined. For
example, the molecular formula of hydrogen peroxide is H,0,, but its empirical formula is
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TABLE 2.8 | Organic Functional Groups

Name Functional Group Model

Alcohol —OH %_ S

Aldehyde —CHO _{

Carboxylic acid —COOH

Amine —NH, —‘

)
A\

simply HO. Hydrazine, which has been used as a rocket fuel, has the molecular formula N,H,,
so its empirical formula is NH,. Although the ratio of nitrogen to hydrogen is 1:2 in both the
molecular formula (N,H,) and the empirical formula (NH,), only the molecular formula tells us
the actual number of N atoms (two) and H atoms (four) present in a hydrazine molecule.

In many cases, the empirical and molecular formulas are identical. In the case of water,
for example, there is no combination of smaller whole numbers that can convey the ratio of two
H atoms for every one O atom, so the empirical formula is the same as the molecular formula:
H,0. Table 2.9 lists the molecular and empirical formulas for several compounds.

TABLE 2.9 Molecular and Empirical Formulas

Compound Molecular Formula Empirical Formula Model
Water H,O H,0O A N
Hydrogen peroxide H,0, HO Q-
Ethane C,Hg CH; /‘\
Propane C;Hg C;Hg ~ \\’/‘\’/ \
s ) s
Acetylene C,H, CH ‘—\ )

CH o

Benzene C¢Hg

67
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Empirical formulas are the simplest chemical formulas; they are written by reducing the
subscripts in molecular formulas to the smallest possible whole numbers (without altering
the relative numbers of atoms). Molecular formulas are the true formulas of molecules. As we
discuss in Chapter 3, when chemists analyze an unknown compound, the first step is usually
the determination of the compound’s empirical formula.

Sample Problem 2.11 lets you practice determining empirical formulas from molecular
formulas.

SAMPLE PROBLEM

Write the empirical formulas for the following molecules: (a) glucose (C¢H;,0¢), a substance known as blood sugar; (b) adenine (CsHsNjs), also
known as vitamin By; and (c) nitrous oxide (N,O), a gas that is used as an anesthetic (“laughing gas”) and as an aerosol propellant for
whipped cream.

Strategy To write the empirical formula, the subscripts in the molecular formula must be reduced to the smallest possible whole numbers
(without altering the relative numbers of atoms).

Setup The molecular formulas in parts (a) and (b) each contain subscripts that are divisible by common numbers. Therefore, we will be able
to express the formulas with smaller whole numbers than those in the molecular formulas. In part (c), the molecule has only one O atom, so it
is impossible to simplify this formula further.

Solution (a) Dividing each of the subscripts in the molecular formula for glucose by 6, we obtain the empirical formula, CH,O. If we had
divided the subscripts by 2 or 3, we would have obtained the formulas C;HsO3 and C,H,0,, respectively. Although the ratio of carbon to
hydrogen to oxygen atoms in each of these formulas is correct (1:2:1), neither is the simplest formula because the subscripts are not in the
smallest possible whole number ratio. (b) Dividing each subscript in the molecular formula of adenine by 5, we get the empirical formula,
CHN. (c) Because the subscripts in the formula for nitrous oxide are already the smallest possible whole numbers, its empirical formula is the
same as its molecular formula, N,O.

THINK ABOUT IT

Make sure that the ratio in each empirical formula is the same as that in the corresponding molecular formula and that the subscripts
are the smallest possible whole numbers. In part (a), for example, the ratio of C:H:O in the molecular formula is 6:12:6, which is equal to
1:2:1, the ratio expressed in the empirical formula.

Practice Problem QTTEM PT Write empirical formulas for the following molecules: (a) caffeine (CgH;(N,4O,), a stimulant found in tea
and coffee, (b) butane (C,H;,), which is used in cigarette lighters, and (c) glycine (C,HsNO,), an amino acid.

Caffeine Butane Glycine

Practice Problem eU ILD For which of the following molecular formulas is the formula shown in parentheses the correct empirical
formula? (a) Cj,H04; (C12H011), (b) CsHp04 (CH4O,), (¢) HoO, (H,0)?

Practice Problem GONCEPT UALIZE Which of the following molecules has/have the same empirical formula as acetic acid (HC,0,H;)?

Formaldehyde Benzaldehyde Glucose
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CHECKPOINT — SECTION 2.7 Molecules and Molecular Compounds

271 What is the correct systematic
name of PCls?

2.7.3 What is the correct formula for the
compound carbon tetrachloride?

a) Phosphorus chloride a) C,Cly
b) Phosphorus pentachloride — b) C,Cl
¢) Monophosphorus chloride c) CCly
d) Pentachlorophosphorus d) CCl,
e) Pentaphosphorus chloride e) CCl

2.7.2 What is the name of the compound shown? What is the empirical formula of the compound shown?

a) Methane a) C¢Hg \
b) Carbon tetrahydrogen monoxide J b) C¢H,

¢) Methanol c) GH, \
d) Methane monoxide d) CH, v

e) Tetrahydrogen carbon monoxide e) CH W e

m Compounds in Review

We have seen that compounds can be made up of ions, or molecules. It is important that you
be able to determine whether a compound is ionic or molecular from its chemical formula. In
many cases, this will be possible only if you can easily recognize the common polyatomic ions.
Further, we have learned a systematic approach to naming compounds. Remember that by con-
vention, we use Greek prefixes to indicate ratios of combination in molecular compounds, but
not in ionic compounds. Prefixes are unnecessary in the names of ionic compounds because the
charges on the constituent ions determine the ratio of combination. Figure 2.17 summarizes the
steps for naming molecular and ionic compounds.

Student Note: In general, we
determine whether a compound is
molecular or ionic by asking these
questions: Does the compound
consist of only nonmetals? Then it
is probably molecular. Does the
compound contain either a metal
cation or the NHZ ion? Then it is
probably ionic. (Note that it is
possible for an ionic compound to
contain only nonmetals if it contains
the NH ion.)

Figure 217 Steps for naming

Compound A
molecular and ionic compounds.

- <

Molecular

= -~

Binary compounds

Tonic

= -~

Cation: metal or NH}
Anion: monatomic or

o Alkali metal cations

o Alkaline earth metal
cations

. Ag+, A13+, Cd2+, Zn2+

s L

« Other metal cations

Naming

Naming

« Name metal first.

« If monatomic anion,
add —ide to root of
element name.

« If polyatomic anion,
use name of anion.

« Name metal first.

« Specify charge of
metal cation with
Roman numeral
in parentheses.

« If monatomic anion,
add —ide to root of
element name.

« If polyatomic anion,
use name of anion.

(Prefix mono—

usually omitted for
the first element.)

o Add —ide to the
root of second
element.

. of nonmetals
polyatomic
= L
Cation has Cation has more Naming
only one than one
possible charge. possible charge. « Use prefixes for
both elements present.
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Some compounds are better known by their common names than by their systematic
chemical names. Familiar examples are listed in Table 2.10.

TABLE 2.10 | Common and Systematic Names of Some Familiar Inorganic Compounds

Formula Common Name Systematic Name
CaCO; Marble, chalk, limestone Calcium carbonate
NaHCO; Baking soda Sodium hydrogen carbonate
Mg(OH), Milk of magnesia Magnesium hydroxide
H,O Water Dihydrogen monoxide
NH; Ammonia Trihydrogen nitride
CO, Dry ice Solid carbon dioxide
NaCl Salt Sodium chloride
N,O Nitrous oxide, laughing gas Dinitrogen monoxide

MgSO, - TH,0O Epsom salt Magnesium sulfate heptahydrate



Chapter Summary

Section 21

Dalton’s atomic theory states that all matter is made up of tiny indivisible,
immutable particles called aroms. Compounds form, moreover, when
atoms of different elements combine in fixed ratios. According to the
law of definite proportions, any sample of a given compound will
always contain the same elements in the same mass ratio.

The law of multiple proportions states that if two elements can form
more than one compound with one another, the mass ratio of one will
be related to the mass ratio of the other by a small whole number.

The law of conservation of mass states that matter can be neither
created nor destroyed.

Section 2.2

On the basis of Dalton’s atomic theory, the atom is the basic unit of
an element. Studies with radiation indicated that atoms contained
subatomic particles, one of which was the electron.

Experiments with radioactivity have shown that some atoms give off
different types of radiation, called alpha (a) rays, beta (p) rays, and
gamma (y) rays. Alpha rays are composed of & particles, which are
actually helium nuclei. Beta rays are composed of § particles, which
are actually electrons. Gamma rays are high-energy radiation.

Most of the mass of an atom resides in a tiny, dense region known as
the nucleus. The nucleus contains positively charged particles called
protons and electrically neutral particles called neutrons. The charge
on a proton is equal in magnitude but opposite in sign to the charge on
an electron. The electrons occupy the relatively large volume around
the nucleus. A neutron has a slightly greater mass than a proton, but
each is almost 2000 times as massive as an electron.

Section 2.3

The atomic number (Z) is the number of protons in the nucleus of an
atom. The atomic number determines the identity of the atom. The

mass number (A) is the sum of the protons and neutrons in the nucleus.

Protons and neutrons are referred to collectively as nucleons.

Atoms with the same atomic number but different mass numbers are
called isotopes.

Section 2.4

The periodic table arranges the elements in rows (periods) and
columns (groups or families). Elements in the same group exhibit
similar properties.

All elements fall into one of three categories: metal, nonmetal, or
metalloid.

Some of the groups have special names including alkali metals (Group
1A, except hydrogen), alkaline earth metals (Group 2A), chalcogens
(Group 6A), halogens (Group 7A), noble gases (Group 8A), and
transition elements or transition metals (Group 1B and Groups 3B-8B).

Section 2.5

One atomic mass unit (amu) is exactly one-twelfth the mass of a
carbon-12 atom. Atomic mass is the mass of an atom in atomic
mass units.

Chapter Summary 71

The periodic table contains the average atomic mass (sometimes
called the atomic weight) of each element.

Section 2.6

An ion is an atom or group of atoms with a net charge. An atomic ion
or a monatomic ion consists of just one atom.

An ion with a net positive charge is a cation. An ion with a net
negative charge is an anion. An ionic compound is one that consists
of cations and anions in an electrically neutral combination. A
three-dimensional array of alternating cations and anions is called

a lattice.

Polyatomic ions are those that contain more than one atom chemically
bonded together.

The formulas of ionic compounds are empirical formulas, indicating
with subscripts the ratio of combination of a compound’s constituent
elements in the smallest possible whole numbers.

Tonic compounds’ names are written as the name of the cation followed
by the name of the anion—each with the word “ion” removed. The
name of an ionic compound need not indicate the ratio of combination
of elements because the charges on ions are known.

Oxoanions are polyatomic ions that contain one or more oxygen atoms.

Hydrates are compounds whose formulas include a specific number of
water molecules.

Section 2.7

A molecule is an electrically neutral group of two or more atoms.
Molecules consisting of just two atoms are called diatomic. Diatomic
molecules may be homonuclear (just one kind of atom) or heteronuclear
(two kinds of atoms). In general, molecules containing more than two
atoms are called polyatomic.

A chemical formula denotes the composition of a substance. A
molecular formula specifies the exact numbers of atoms in a molecule
of a compound. A structural formula shows the arrangement of atoms
in a substance.

An allotrope is one of two or more different forms of an element.

Molecular compounds are named according to a set of rules, including
the use of Greek prefixes to specify the number of each kind of atom
in the molecule.

Binary compounds are those that consist of two elements. An acid is
a substance that generates hydrogen ions when it dissolves in water.
An ionizable hydrogen atom is one that can be removed in water to
become a hydrogen ion (H").

Oxoacids are acids based on oxoanions. Acids with more than one
ionizable hydrogen atom are called polyprotic.

Inorganic compounds are generally those that do not contain carbon.
Organic compounds contain carbon and hydrogen, sometimes in
combination with other elements. Hydrocarbons contain only carbon
and hydrogen. The simplest hydrocarbons are the alkanes. A
Jfunctional group is a group of atoms that determines the chemical
properties of an organic compound.

The formulas of molecular compounds may be expressed as molecular
formulas, or as empirical formulas. The empirical and molecular
formulas of a given compound may or may not be identical.




72 CHAPTER 2 Atoms, Molecules, and Ions

Acid, 64

Alkali metal, 50
Alkaline earth metal, 50
Alkane, 65

Allotrope, 61

a particle, 45

Alpha (@) ray, 45
Anion, 54

Atom, 43

Atomic ion, 54
Atomic mass, 52
Atomic mass unit (amu), 52
Atomic number (Z), 48
Atomic weight, 52

p particle, 45

Beta (f) ray, 45

Binary compound, 62

Cation, 54
Chalcogens, 50
Chemical formula, 61
Diatomic molecule, 61
Electron, 43
Empirical formula, 56
Family, 50

Functional group, 65
Gamma (y) rays, 45
Group, 50

Halogens, 50
Heteronuclear, 61
Homonuclear, 61
Hydrate, 60
Hydrocarbon, 65
Inorganic compounds, 65
Ion, 54

Ionic compound, 54

Ionizable hydrogen atom, 64
Isotope, 48

Lattice, 56

Law of conservation of mass, 41
Law of definite proportions, 40
Law of multiple proportions, 41
Mass number (A), 48

Metal, 50

Metalloid, 50

Molecular formula, 61
Molecule, 61

Monatomic ion, 54

Neutron, 47

Noble gases, 50

Nonmetal, 50

Nucleons, 48

Nucleus, 46

Organic compounds, 65
Oxoacid, 64
Oxoanion, 59

Period, 50

Periodic table, 50
Polyatomic ion, 55
Polyatomic molecule, 61
Polyprotic acid, 65
Proton, 47

Radiation, 43
Radioactivity, 45
Structural formula, 61
Transition elements, 50

Transition metals, 50




Naming Compounds

The process of naming binary molecular compounds follows the procedure outlined in Section 2.7. The element that appears first
in the formula is named first, followed by the name of the second element—with its ending changed to —ide. Greek prefixes are

used to indicate numbers of atoms, but the prefix mono— is not used when there is only one atom of the first element in the

formula.
Examples:
N2O N02 C1207 P4O6
dinitrogen monoxide nitrogen dioxide dichlorine heptoxide tetraphosphorus hexoxide
Write th d
Write the first Write a Greek prefix g ? o Combine.
1 element’s name N . !
element’s name, to denote number of i [ (Eliminate a letter if
| 1 (with prefix), 1
including a Greek atoms for the . . ! necessary to avoid
N replacing its ending
prefix if necessary. second element. 5 P a double vowel.)
with —ide.
Examples:
S,Cl, disulfur di chloride disulfur dichloride
NO nitrogen mono oxide nitrogen monoxide

The process of naming binary ionic compounds follows the simple procedure outlined in Section 2.6. Naming compounds that
contain polyatomic ions follows essentially the same procedure; but it does require you to recognize the common polyatomic ions
[« Table 2.3]. Because many ionic compounds contain polyatomic ions, it is important that you know their names, formulas, and
charges—well enough that you can identify them readily.

In ionic compounds with ratios of combination other than 1:1, subscript numbers are used to denote the number of each ion in the
formula.

Examples: CaBr,, Na,S, AlCl;, Al,O5, FeO, Fe,0;
Recall that because the common ions of main group elements have predictable charges, it is unnecessary to use prefixes to denote
their numbers when naming compounds that contain them. Thus, the names of the first four examples above are calcium bromide,
sodium sulfide, aluminum chloride, and aluminum oxide. The last two contain transition metal ions, many of which have more than
one possible charge. In these cases, in order to avoid ambiguity, the charge on the metal ion is designated with a Roman numeral in
parentheses. The names of these two compounds are iron(II) oxide and iron(IIT) oxide, respectively.
When a subscript number is required for a polyatomic ion, the ion’s formula must first be enclosed in parentheses.

Examples: Ca(NO3)2, (NH4)2S, Ba(C2H302)2, (NH4)2SO4, Fe3(PO4)2, C02(C03)3

Names: calcium nitrate, ammonium sulfide, barium acetate, ammonium sulfate, iron(II) phosphate, cobalt(IIl) carbonate

The process of naming ionic compounds given their formulas can be summarized with the following flowchart:

Specify ch |
Name cation. PeCl Y e Name anion. Combine.
(if necessary)
Examples:
Srl, strontium - iodide strontium iodide
CuO copper 1) oxide copper(Il) oxide

73




It is equally important that you be able to write the formula of an ionic compound given its name. Again, knowledge of the common
polyatomic ions is critical. The process of writing an ionic compound’s formula given its name is summarized as follows:

Werite cation’s

Write anion’s

Combine ions in

Use subscripts to
denote numbers.

B0/ forTiy ooV iorgy neutral ratio. Use parentheses
and charge. and charge. A
if necessary.
Examples:
Cesium sulfide Cs* S~ 2Cs™ + 182~ Cs,S
Ammonium phosphate NHftr POy~ 3NHI + 1PO;~ (NH,);PO,
The process of writing a molecular compound’s formula given its name is summarized as follows:
If the first Use the prefix for the
Write the element Write the second element to
symbol for || namedhasa | | symbol for | write the subscript. | | B b
the first prefix, write the the second (If the prefix is i
element named. corresponding element named. mono—, do not write
2 subscript. 2 % a subscript.) % ;
Examples:
Disulfur decafluoride S subscript , F subscript | S>Fio
Phosphorus pentachloride P no subscript Cl subscript 5 PCl,
Key Skills Problems
2.1 2.3

What is the correct name for CaSO,4? What is the correct name for NCI5?

(a) calcium sulfoxide (b) calcium sulfite (c) calcium sulfur oxide
(d) calcium sulfate (e) calcium sulfide tetroxide

(a) trinitrogen chloride (b) mononitrogen chloride (c) nitrogen
trichloride (d) nitride trichloride (e) mononitride chloride

2.2
What is the correct formula for nickel(IT) perchlorate?

(a) NiClO, (b) Ni,ClO, (c) Ni(Cl0,), (d) NiClO; (e) Ni(Cl05),

2.4
What is the correct formula for phosphorus pentachloride?

(a) PCls (b) PsCl (c) P(Cl1O); (d) PO4CI (e) PCIO
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Although iron is an essential element, it is also a potentially toxic substance. Hemochromatosis is one of the most com-
mon hereditary disorders, causing “iron overload” or the storage of excess iron in the tissues and organs. Individuals with

hemochromatosis often must undergo periodic phlebotomy (removal of blood) in order to remove excess stored iron, which would
otherwise cause irreversible damage to internal organs, including the liver and kidneys. Those who have a tendency to store too much
iron are advised to avoid combining iron-rich foods with substances that enhance iron absorption, such as ascorbic acid (vitamin C).

Because of iron’s toxicity, iron supplements are potentially dangerous, especially to children. In fact, iron poisoning is
the most common toxicological emergency in young children—due in part to the resemblance many iron supplements bear to

candy. Most vitamins that contain iron are sold with childproof caps to
help prevent accidental overdose. The Food and Drug Administration
(FDA) recommends supplements containing more than 30 mg of iron per
dose to be sold in single-dose blister packs to make it more difficult for
a child to consume a dangerous amount. (a) Iron has four naturally occur-
ring isotopes: >*Fe (53.9396 amu), *°Fe (55.9349 amu), *’Fe (56.9354 amu),
and **Fe (57.9333 amu). For each isotope, determine the number of
neutrons in the nucleus [l«¢ Sample Problem 2.2]. (b) Calculate the
average atomic mass of iron given that the natural abundances of the four
isotopes are 5.845, 91.754, 2.119, and 0.282 percent, respectively
[l«« Sample Problem 2.3]. (c¢) Write the formula for ferrous sulfate
[iron(II) sulfate] [l4¢ Sample Problem 2.5]. (d) Write the molecular for-
mula for ascorbic acid (see the ball-and-stick model at right) [l4¢ Sample
Problem 2.7]. (e) Determine the empirical formula of ascorbic acid
[l«« Sample Problem 2.11].

SECTION 2:1: THE ATOMIC THEORY

Review Questions

2.6

2.1  What are the hypotheses on which Dalton’s atomic
theory is based?
2.2 State the laws of definite proportions and multiple

proportions. Illustrate each with an example.

Computational Problems

2.3 The elements sulfur and oxygen can form a variety of
different compounds, the most common of which are
SO, and SO;. Samples of these two compounds were
decomposed into their constituent elements. One produced
1.002 g S for every gram of O; the other produced 0.668 g S

A\

Ascorbic acid

Show that these data are consistent with the law of
multiple proportions.

Both FeO and Fe, 05 contain only iron and oxygen. The
mass ratio of oxygen to iron for each compound is given
in the following table:

Compound mass O : mass Fe
FeO 0.2865
F6203 0.4297

Show that these data are consistent with the law of
multiple proportions.

Conceptual Problems

for every gram of O. Show that these results are consistent 2.7 f;irot:he two compounds pictured, evaluate the following
with the law of multiple proportions.

2.4 Two different compounds, each containing only g blue : 1.00 g red(right) P o O
phosphorus and chlorine, were decomposed into their g blue : 1.00 g red(left) i e
constituent elements. One produced 0.2912 g P for 2.8 For the two compounds pictured, evaluate the following
every gram of Cl; the other produced 0.1747 g P for ratio:
every gram of Cl. Show that these results are consistent .
with the law of multiple proportions. g green : 1.00 g yellow (right) @9 @ 9

2.5 Sulfur reacts with fluorine to produce three different g green : 1.00 g yellow (left) J o O

compounds. The mass ratio of fluorine to sulfur for each
compound is given in the following table:

Compound mass F : mass S
S>F1o 2.962 29
SE, 2.370
SF 3.555

SECTION 2.2: THE STRUCTURE OF THE ATOM

Review Questions

Define the following terms: (a) a particle, (b) f particle,
(c) y ray, (d) X ray.



76

2.10

2.11

2.12

2.13

CHAPTER 2 Atoms, Molecules, and Ions

Name the types of radiation known to be emitted by
radioactive elements.

Compare the properties of the following: a particles,
cathode rays, protons, neutrons, and electrons.

Describe the contributions of the following scientists to
our knowledge of atomic structure: J. J. Thomson, R. A.
Millikan, Ernest Rutherford, and James Chadwick.
Describe the experimental basis for believing that the
nucleus occupies a very small fraction of the volume

of the atom.

Problems

2.14

2.15

The diameter of a neutral helium atom is about 1 x 10* pm.
Suppose that we could line up helium atoms side by side
in contact with one another. Approximately how many
atoms would it take to make the distance 1 in from end
to end?

Roughly speaking, the radius of an atom is about 10,000
times greater than that of its nucleus. If an atom were
magnified so that the radius of its nucleus became 2.0 cm,
about the size of a marble, what would be the radius of
the atom in miles (1 mi = 1609 m)?

SECTION 2.3: ATOMIC NUMBER, MASS NUMBER,

AND ISOTOPES

Review Questions

2.16

2.17

2.18

2.19

Use the helium-4 isotope to define atomic number and
mass number. Why does knowledge of the atomic
number enable us to deduce the number of electrons
present in an atom?

Why do all atoms of an element have the same atomic
number, although they may have different mass numbers?
What do we call atoms of the same elements with different
mass numbers?

Explain the meaning of each term in the symbol 4X.

Computational Problems

2.20

2.21

2.22

2.23

2.24

2.25

2.26

2.27

What is the mass number of an iron atom that has

28 neutrons?

Calculate the number of neutrons of ***Pu.

For each of the following species, determine the number
of protons and the number of neutrons in the nucleus:
>He, 3He, 1;Mg, 13Mg, 33Ti, 33Br, '53Pt.

Indicate the number of protons, neutrons, and electrons
in each of the following species: BN, 28, $3Cu, 5isr,
'36Ba, 25 W, G Hg.

Write the appropriate symbol for each of the following
isotopes: (a) Z=11,A =23; (b) Z=128,A = 64;
(©)Z=50,A=115;(d) Z=20,A =42.

Write the appropriate symbol for each of the following
isotopes: (a) Z =74, A = 186; (b) Z= 80, A =201;
(©)Z=34,A=76;(d) Z=94, A = 239.

Determine the mass number of (a) a boron atom with

6 neutrons, (b) a magnesium atom with 13 neutrons,
(c) a bromine atom with 44 neutrons, and (d) a mercury
atom with 119 neutrons.

Determine the mass number of (a) a fluorine atom with
11 neutrons, (b) a sulfur atom with 16 neutrons, (c) an
arsenic atom with 45 neutrons, and (d) a platinum atom
with 120 neutrons.

2.28

The following radioactive isotopes are used in medicine
for imaging organs, studying blood circulation, treating
cancer, and so on. Give the number of neutrons present
in each isotope: '*Au, *'Ca, “Co, "*F, 1%, *'1, ¥K, ¥K,
*Na, *?P, ¥Sr, “Tc.

SECTION 2.4: THE PERIODIC TABLE

Review Questions

2.29

2.30

2.31

2.32

2.33

What is the periodic table, and what is its significance
in the study of chemistry?

State two differences between a metal and a nonmetal.
Write the names and symbols for four elements in each
of the following categories: (a) nonmetal, (b) metal,

(c) metalloid.

Give two examples of each of the following: (a) alkali
metals, (b) alkaline earth metals, (c) halogens, (d) noble
gases, (e) chalcogens, (f) transition metals.

The explosion of an atomic bomb in the atmosphere
releases many radioactive isotopes into the environment.
One of the isotopes is *’Sr. Via a relatively short food
chain, it can enter the human body. Considering the
position of strontium in the periodic table, explain why
it is particularly harmful to humans.

Computational Problems

2.34

2.35

2.36

2.37

2.38

2.39

2A

Elements whose names end with —ium are usually
metals; sodium is one example. Identify a nonmetal
whose name also ends with —ium.

Describe the changes in properties (from metals to
nonmetals or from nonmetals to metals) as we move
(a) down a periodic group and (b) across the periodic
table from left to right.

Consult webelements.com to find (a) two metals less
dense than water, (b) two metals more dense than
mercury, (c) the densest known solid metallic element,
and (d) the densest known solid nonmetallic element.
Group the following elements in pairs that you would expect
to show similar chemical properties: K, F, P, Na, Cl, and N.
Group the following elements in pairs that you would
expect to show similar chemical properties: I, Ba, O,
Br, S, and Ca.

Write the symbol for each of the following biologically
important elements in the given periodic table: iron
(present in hemoglobin for transporting oxygen), iodine
(present in the thyroid gland), sodium (present in
intracellular and extracellular fluids), phosphorus
(present in bones and teeth), sulfur (present in proteins),
and magnesium (present in chlorophyll molecules).

8A

3A 4A S5A 6A TA

3B 4B 5B 6B 7B——8B—— 1B 2B




SECTION 2.5: THE ATOMIC MASS SCALE AND

AVERAGE ATOMIC MASS

Review Questions

2.40

241

242

243

What is an atomic mass unit? Why is it necessary to
introduce such a unit?

What is the mass (in amu) of a carbon-12 atom? Why is
the atomic mass of carbon listed as 12.01 amu in the
table at the beginning of this book?

Explain clearly what is meant by the statement “The
atomic mass of gold is 197.0 amu.”

What information would you need to calculate the
average atomic mass of an element?

Problems

2.44

245

2.46

247

2.48

2.49

The atomic masses of JeBr (50.69 percent) and 3:Br (49.31
percent) are 78.9183361 and 80.916289 amu, respectively.
Calculate the average atomic mass of bromine. The
percentages in parentheses denote the relative abundances.
The atomic masses of 2*Pb (1.4 percent), 205pp,

(24.1 percent), 27pp (22.1 percent), and 208py (52.4 per-
cent) are 203.973020, 205.974440, 206.975872, and
207.976627 amu, respectively. Calculate the average
atomic mass of lead. The percentages in parentheses
denote the relative abundances.

The atomic masses of **Mg (78.99 percent), *Mg

(10.00 percent), and **Mg (11.01 percent) are 23.9850423,
24.9858374, and 25.9825937 amu, respectively. Calculate
the average atomic mass of magnesium. The percentages
in parentheses denote the relative abundances.

The atomic masses of °'Ir (37.3 percent) and 1931y

(62.7 percent) are 190.960584 and 192.962917 amu,
respectively. Calculate the average atomic mass of
iridium. The percentages in parentheses denote the
relative abundances.

The atomic masses of ***T1 and are **TI are 202.972320
and 204.974401, respectively. Calculate the natural
abundances of these two isotopes. The average atomic
mass of thallium is 204.4 amu.

The atomic masses of °Li and "Li are 6.0151 amu and
7.0160 amu, respectively. Calculate the natural
abundances of these two isotopes. The average atomic
mass of lithium is 6.941 amu.

SECTION 2.6: IONS AND IONIC COMPOUNDS

Review Questions

2.50

2.51

2.52

2.53

2.54

Give an example of each of the following: (a) a monatomic
cation, (b) a monatomic anion, (c) a polyatomic cation,
(d) a polyatomic anion.

What is an ionic compound? How is electrical neutrality
maintained in an ionic compound?

Explain why the chemical formulas of ionic compounds
are usually the same as their empirical formulas.

What is the Stock system? What are its advantages over
the older system of naming cations?

Give an example of an ionic compound that does not
contain a metal.

Conceptual Problems

2.55

Give the number of protons and electrons in each of the
following common ions: Nat, Ca®*, A", Fe*", I", F",
$*7, 0>, N*”

2.56

2.57

2.58

2.59

2.60

2.61

2.62

2.63

2.64

2.65

2.66

Questions and Problems 77

Give the number of protons and electrons in each of the
following common ions: K¥, Mg**, Fe**, Br™, Mn**,
c*, cu™.

Write the formulas for the following ionic compounds:
(a) sodium oxide, (b) iron sulfide (containing the

Fe** ion), (c) cobalt sulfate (containing the Co®* and
SOﬁ_ ions), (d) barium fluoride.

Write the formulas for the following ionic compounds:
(a) copper bromide (containing the Cu™ ion),

(b) manganese oxide (containing the Mn** ion),

(c) mercury iodide (containing the Hg%Jr ion),

(d) magnesium phosphate (containing the PO3™ ion).
Which of the following compounds are likely to be
ionic? Which are likely to be molecular? SiCly, LiF,
BaCl,, B,H;, KCI, C,H,.

Which of the following compounds are likely to be
ionic? Which are likely to be molecular? CH,, NaBr,
BaF,, CCly, ICl, CsCl, NFs.

Name the following compounds: (a) KH,PO,,

(b) K,HPOy,, (c) HBr (gas), (d) HBr (in water),

(e) Li;COs, () KyCry05, (2) NH4NO,, (h) HIO;,

(i) PFs, (j) P4Og, (k) Cdl,, (1) SrSOy, (m) Al(OH);.
Name the following compounds: (a) KCIO, (b) Ag,COs;,
(c) HNO,, (d) KMnOy,, (e) CsClOs, (f) KNH,SOy, (g) FeO,
(h) Fe,05, (1) TiCly, (j) NaH, (k) LisN, (1) Na,O, (m) Na,O,.
Write the formulas for the following compounds:

(a) rubidium nitrite, (b) potassium sulfide, (c¢) sodium
hydrogen sulfide, (d) magnesium phosphate, (e) calcium
hydrogen phosphate, (f) lead(II) carbonate, (g) tin(Il)
fluoride, (h) ammonium sulfate, (i) silver perchlorate,
(j) boron trichloride.

Write the formulas for the following compounds:

(a) copper(I) cyanide, (b) strontium chlorite,

(c) perbromic acid, (d) hydroiodic acid, (e) disodium
ammonium phosphate, (f) potassium dihydrogen
phosphate, (g) iodine heptafluoride, (h) tetraphosphorus
decasulfide, (i) mercury(I) oxide, (j) mercury(I) iodide,
(k) selenium hexafluoride.

In the diagrams shown here, match each of the drawings
with the following ionic compounds: Al,Os, LiH, Na,S,
Mg(NOs),. (Green spheres represent cations and red
spheres represent anions.)

’g & o
(a) (b) (c) (d)

Given the formulas for the ionic compounds, draw the
correct ratio of cations to anions as shown in Problem
2.65: (a) BaSO,, (b) CaF,, (c) Mg;N,, (d) K,O.

SECTION 2.7: MOLECULES AND MOLECULAR

COMPOUNDS

Review Questions

2.67
2.68

2.69

What is the difference between an atom and a molecule?
What are allotropes? Give an example. How are
allotropes different from isotopes?

What does a chemical formula represent? Determine the
ratio of the atoms in the following molecular formulas:
(a) NO, (b) NCls, (c) N,Oy, (d) P4O¢.
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2.70

271

2.72

2.73

2.74

CHAPTER 2 Atoms, Molecules, and Ions

Define molecular formula and empirical formula.
What are the similarities and differences between the
empirical formula and molecular formula of a
compound?

Give an example of a case in which two molecules have
different molecular formulas but the same empirical
formula.

What is the difference between inorganic compounds
and organic compounds?

Give one example each for a binary compound and a
ternary compound. (A ternary compound is one that
contains three different elements.)

Explain why the formula HCI can represent two different
chemical systems.

Conceptual Problems

2.75

For each of the following diagrams, determine
whether it represents diatomic molecules, polyatomic
molecules, molecules that are not compounds,
molecules that are compounds, or an elemental form

PR [
¥ 0O
®Q

of the substance.
0% @@
A5 @0

2.76

(a) (b) (©)

For each of the following diagrams, determine
whether it represents diatomic molecules, polyatomic
molecules, molecules that are not compounds,
molecules that are compounds, or an elemental form
of the substance.

2.77

2.78

2.79

2.80

»
>
Y

(@) (b ()

Identify the following as elements or compounds:
NH;, N, Sg, NO, CO, CO,, H,, SO,.

Give two examples of each of the following: (a) a diatomic
molecule containing atoms of the same element, (b) a
diatomic molecule containing atoms of different
elements, (c) a polyatomic molecule containing atoms
of the same element, (d) a polyatomic molecule
containing atoms of different elements.

Write the empirical formulas of the following
compounds: (a) C,N,, (b) C¢Hg, (¢) CoHy, (d) P,Oyy,
(e) B,Hg.

Write the empirical formulas of the following
compounds: (a) Al,Brg, (b) Na,S,0y, (¢) N,Os,

(d) K,Cr,04, (e) H,C,0,.

2.81 Write the molecular formula of alanine, an amino acid
used in protein synthesis. The color codes are black
(carbon), blue (nitrogen), red (oxygen), and white

(hydrogen).

2.82  Write the molecular formula of ethanol. The color codes

are black (carbon), red (oxygen), and white (hydrogen).

2.83 Name the following binary molecular compounds:

(a) NCl;, (b) IF, (c) P4Og, (d) S,Cl,.

Write chemical formulas for the following molecular
compounds: (a) phosphorus tribromide, (b) dinitrogen
tetrafluoride, (¢) xenon tetroxide, (d) selenium trioxide.
Write the molecular formulas and names of the

following compounds.

\F‘/%\ ) &S
. & o
) (b) (

(a )

2.86  Write the molecular formulas and names of the
following compounds.

A

-

- ¥ ‘
N

F ) |

A A \
A
(a) (b) (c)

ADDITIONAL PROBLEMS
2.87

2.84

2.85

Define the following terms: acids, bases, oxoacids,
oxoanions, and hydrates.

A sample of a uranium compound is found to be losing
mass gradually. Explain what is happening to the
sample.

In which one of the following pairs do the two species
resemble each other most closely in chemical properties:
(a) IH and |H*, (b) 4N and "4N*~, (c) '2C and '} C?
Explain.

One isotope of a metallic element has mass number
137 and 82 neutrons in the nucleus. The cation derived
from the isotope has 54 electrons. Write the chemical
symbol for this cation.

2.88

2.89

2.90
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2.92

2.93

2.94

2.95

2.96

2.97

2.98

2.99

One isotope of a nonmetallic element has mass number
31 and 16 neutrons in the nucleus. The anion derived
from the isotope has 18 electrons. Write the chemical
symbol for this anion.

The following table gives numbers of electrons, protons,
and neutrons in atoms or ions of a number of elements.
Answer the following: (a) Which of the species are
neutral? (b) Which are negatively charged? (¢c) Which
are positively charged? (d) What are the conventional
symbols for all the species?

Atom or Ion of Element

B C D E F G

O O

Number of protons 7 19 30 35 5

A

Number of electrons 5 10 18 28 36 5
5

Number of neutrons 5 7 20 36 46 6 10

What is wrong with or ambiguous about the phrase
“four molecules of NaCI”?

The following phosphorus sulfides are known: P,S;,
P,S,, and P,S;,. Do these compounds obey the law of
multiple proportions?

Which of the following are elements, which are
molecules but not compounds, which are compounds
but not molecules, and which are both compounds and
molecules? (a) SO,, (b) Sg, (¢) Cs, (d) N,Os, (e) O,

(f) Oy, (8) Os, (h) CHy, (i) KBr, (j) S, (k) P4, (1) LiF.
What is wrong with the name (given in parentheses

or brackets) for each of the following compounds:

(a) BaCl, (barium dichloride), (b) Fe,O5 [iron(II) oxide],
(c) CsNO, (cesium nitrate), (d) Mg(HCO3), [magnesium(II)
bicarbonate]?

Discuss the significance of assigning an atomic mass of
exactly 12 amu to the carbon-12 isotope.

Determine what is wrong with the chemical formula and
write the correct chemical formula for each of the
following compounds: (a) (NH;),CO3; (ammonium
carbonate), (b) CaOH, (calcium hydroxide), (c) CdSO;
(cadmium sulfide), (d) ZnCrO, (zinc dichromate).

Fill in the blanks in the table.

Symbol

2oFe’t

Protons

Neutrons

6 16 117 136

Electrons 5 18 79

Net charge -3 0

2.100

2.101

2.102

2.103

(a) Which elements are most likely to form ionic
compounds? (b) Which metallic elements are most
likely to form cations with different charges?

Write the formula of the common ion derived from each
of the following: (a) Li, (b) S, (c) I, (d) N, (e) Al,

(f) Cs, (2) Mg.

Which of the following symbols provides more
information about the atom: **Na or ;;Na? Explain.
Write the chemical formulas and names of the binary
acids and oxoacids that contain Group 7A elements.
Do the same for elements in Groups 3A, 4A, 5A,

and 6A.

2.104

(a)

2.105

2.106

2.107

2.108

2.109

2.110

2.111

2.112

Questions and Problems 79

Determine the molecular and empirical formulas of the
compounds shown here. (Black spheres are carbon, and
white spheres are hydrogen.)

(b) © ()
For the noble gases (the Group 8A elements) 3He, 2)Ne,
AT, 3¢Kr, and '35 Xe, (a) determine the number of
protons and neutrons in the nucleus of each atom, and
(b) determine the ratio of neutrons to protons in the nucleus
of each atom. Describe any general trend you discover in
the way this ratio changes with increasing atomic number.
A monatomic ion has a charge of +2. The nucleus of the
parent atom has a mass number of 55. If the number of
neutrons in the nucleus is 1.2 times that of the number
of protons, what is the name and symbol of the element?
The Group 1B metals, Cu, Ag, and Au, are called
coinage metals. What chemical properties make them
especially suitable for making coins and jewelry?
The elements in Group 8A of the periodic table are
called noble gases. Can you suggest what “noble”
means in this context?
The formula for calcium oxide is CaO. What are the
formulas for magnesium oxide and strontium oxide?
A common mineral of barium is barytes, or barium
sulfate (BaSO,). Because elements in the same periodic
group have similar chemical properties, we might expect
to find some radium sulfate (RaSO,) mixed with barytes
because radium is the last member of Group 2A.
However, the only source of radium compounds in
nature is in uranium minerals. Explain why this is so.
Two elements form a compound that can be represented
as @@ . The same two elements also combine to form
several other compounds, which can be represented with
the diagrams shown here. For each of these, determine
the ratio of g red : 1.00 g blue in this compound to

gred : 1.00 g blue in @@.

(b) (©) (d)

Which of the diagrams can be used to illustrate the law
of constant composition? Which can be used to illustrate
the law of multiple proportions? In each case, for a diagram
that cannot be used to illustrate the law, explain why.
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2.113

2.114

2.115

2.116

CHAPTER 2 Atoms, Molecules, and Ions

Fluorine reacts with hydrogen (H) and deuterium (D) to
form hydrogen fluoride (HF) and deuterium fluoride
(DF), where deuterium (H) is an isotope of hydrogen.
Would a given amount of fluorine react with different
masses of the two hydrogen isotopes? Does this violate
the law of definite proportions? Explain.

Predict the formula and name of a binary compound
formed from the following elements: (a) Na and H,

(b) Band O, (c) Naand S, (d) Aland F, (e) F and O,

(f) Sr and CI.

Identify each of the following elements: (a) a halogen
whose anion contains 36 electrons, (b) a radioactive
noble gas with 86 protons, (c) a Group 6A element
whose anion contains 36 electrons, (d) an alkali metal
cation that contains 36 electrons, (e) a Group 4A cation
that contains 80 electrons.

Show the locations of (a) alkali metals, (b) alkaline
earth metals, (c) the halogens, and (d) the noble gases in
the given outline of a periodic table. Also draw dividing
lines between metals and metalloids and between
metalloids and nonmetals.

3A 4A 5A 6A TA

3B 4B 5B 6B 7B——8B—— 1B 2B

2.117 Fill in the blanks in the table.
Cation Anion Formula Name
Magnesium bicarbonate
SrCl,
Fe** NO;
Manganese(II) chlorate
SnBry
Co** PO3~
Hg3* I
Cu,CO;
Lithium nitride
ARt q2-
2.118 Some compounds are better known by their common

names than by their systematic chemical names. Give
the chemical formulas of the following substances:

(a) dry ice, (b) salt, (c) laughing gas, (d) marble (chalk,
limestone), (e) baking soda, (f) ammonia, (g) water,
(h) milk of magnesia, (i) epsom salt.

2.119

2.120

2.121

2.122

2.123

The relationship between mass and energy is expressed
by Einstein’s equation, E = mcz, where E is energy, m is
mass, and c is the speed of light. In a combustion
experiment, it was found that 12.096 g of hydrogen
molecules combined with 96.000 g of oxygen molecules
to form water and released 1.715 x 10° kJ of heat. Use
Einstein’s equation to calculate the corresponding mass
change in this process, and comment on whether or not
the law of conservation of mass holds for ordinary
chemical processes.

(a) Describe Rutherford’s experiment and how the results
revealed the nuclear structure of the atom. (b) Consider
the **Na atom. Given that the radius and mass of the
nucleus are 3.04 x 107> m and 3.82 x 107> g, respectively,
calculate the density of the nucleus in g/cm’. The radius
of a ®*Na atom is 186 pm. Calculate the density of the
space occupied by the electrons outside the nucleus in
the sodium atom. Do your results support Rutherford’s
model of an atom? [The volume of a sphere of radius
ris %ﬂr3 N

Name the given acids.

o 0B

Draw two different structural formulas based on

the molecular formula C,HgO. Is the fact that you
can have more than one compound with the same
molecular formula consistent with Dalton’s atomic
theory?

Ethane and acetylene are two gaseous hydrocarbons.
Chemical analyses show that in one sample of ethane,
2.65 g of carbon are combined with 0.665 g of hydrogen,
and in one sample of acetylene, 4.56 g of carbon are
combined with 0.383 g of hydrogen. (a) Are these
results consistent with the law of multiple proportions?
(b) Write reasonable molecular formulas for these
compounds.

Multiconcept Problems

2.124

2.125

A cube made of platinum (Pt) has an edge length of
1.0 cm. (a) Calculate the number of Pt atoms in the
cube. (b) Atoms are spherical in shape. Therefore, the
Pt atoms in the cube cannot fill all the available space.
If only 74 percent of the space inside the cube is taken
up by Pt atoms, calculate the radius in picometers of a
Pt atom. The density Pt is 21.45 g/cm®, and the mass
of a single Pt atom is 3.240 x 107** g. [The volume of
a sphere of radius r is §7r°.]

(a) Assuming an atomic nucleus is spherical in

shape, show that its radius r is proportional to the cube
root of the mass number (A). (b) In general, the radius
of a nucleus is given by r = ry A, where ry is a
proportionality constant given by 1.2 x 107"° m.
Calculate the volume of the Li nucleus. (¢) Given

that the radius of JLi atom is 152 pm, calculate what
fraction of the atom’s volume is occupied by its
nucleus. Does your result support Rutherford’s model
of the atom?



2.126 A distributor of ball bearings sells packages of
“remnant” ball bearings that contain a mixture of copper
bearings and titanium bearings—along with bearings
made of a proprietary alloy of several different metals.
Although the bearings all have the same diameter,

4.175 mm, the metals from which they are made all

have different densities. The density of the proprietary

Answers to In-Chapter Materials 81

alloy is 5.659 g/cm’. Packages of the remnant bearings
are, on average, 30.4 percent copper bearings and

51.2 percent titanium bearings, the remainder being
proprietary alloy. Using the formula for the volume of a
sphere, V = %n'rz', and the densities of the metals from
webelements.com, determine the average mass of a ball
bearing in one of the packages.

Standardized-Exam Practice Problems

Physical and Biological Sciences

Carbon-14, a radioactive isotope of carbon, is used to determine the ages of
fossils in a technique called carbon dating. Carbon-14 is produced in the
upper atmosphere when nitrogen-14 atoms are bombarded by neutrons
from cosmic rays. "“C undergoes a process called # emission in which a
neutron in the nucleus decays to form a proton and an electron. The elec-
tron, or fj particle, is ejected from the nucleus. Because the production and
decay of "*C occur simultaneously, the total amount of '*C in the atmo-
sphere is constant. Plants absorb “C in the form of CO, and animals con-
sume plants and other animals. Thus, all living things contain a constant
ratio of '>C to '*C. When a living thing dies, the "*C it contains continues
to decay, but because replenishment ceases, the ratio of °C to "*C changes
over time. Scientists use the '?C to "“C ratio to determine the age of mate-
rial that was once living.

1. If atmospheric conditions were to change such that "“C were
produced at twice the current rate,

a) the world’s supply of "*N would be consumed completely.
b) the "°C to "“C ratio in living things would increase.

¢) the '>C to "C ratio in living things would decrease.

d) the '*C to "C ratio in living things would not change.

Answers to In-Chapter Materials

Practice Problems

2.1A (a) 3:2, (b) 2:1. 2.1B (a) 0.2518 g, (b) n = 6(XeFg). 2.2A (a) p =5,
n=5e=50b)p=18n=18,¢=18;(c) p=38,n=47, e =38;
(dp=6,n=35,e=6.22B (a) ;Be, (b) 23V, (¢c) '%iXe, (d) $Ga. 2.3A 63.55
amu. 2.3B 99.64% '“N, 0.36% "°N. 2.4A (a) sodium sulfate, (b) copper(Il)
nitrate, (c) iron(IlI) carbonate. 2.4B (a) potassium dichromate, (b) lithium
oxalate, (c) copper(I) nitrate. 2.5A (a) PbCl,, (b) MgCOs, (c) (NH,);PO,.
2.5B (a) Fe,S3, (b) Hg(NO3),, (c) K»SO;. 2.6A (a) hypobromite ion,

(b) hydrogen sulfate ion, (c) oxalate ion. 2.6B (a) iodite ion, (b) hydrogen
chromate ion, (c) hydrogen oxalate ion. 2.7A CHCl;. 2.7B C;H4O.

2.8A (a) dichlorine monoxide, (b) silicon tetrachloride. 2.8B (a) chlorine
dioxide, (b) carbon tetrabromide. 2.9A (a) CS,, (b) N,O3. 2.9B (a) SFg,
(b) S,Fo. 2.10A HBrO,. 2.10B (a) H,CrO,. 2.11A (a) C4,H;5N,0,

(b) C,Hs, (c) C,HsNO,. 2.11B (a).

2. When a "N nucleus is bombarded by a neutron to produce a "“C
nucleus, what else is produced?

a) Nothing

b) Another neutron
¢) An electron

d) A proton

3. Based on the description of  emission in the passage, what
nucleus results from the decay of a '“C nucleus by  emission?
a) “N
b) N
o) *C
d) “c

4. The accuracy of carbon dating depends on the assumption that

a) '*C is the only radioactive species in the material being tested.
b) the rate of decay of '*C is constant.

¢) '*C and "C undergo radioactive decay at the same rate.

d) each "C nucleus decays to give a '>C nucleus.

Checkpoints

2.1.1e.21.2b.23.1d.2.3.2¢c.24.1¢c.24.2b.2.5.1b.2.52¢c.2.6.1c.
2.6.2d.2.6.3d.2.64c.2.65c.2.6.6a.2.7.1b.2.7.2¢c.2.73c.2.74e.

Design Icon Credits: Animation icon: ©McGraw-Hill Education; Hot Spot Icon: ©LovArt/Shutterstock.com
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Stoichiometry:
Ratios of Combination

Happy outcomes for young cancer patients and their families are far

more common than they used to be. St. Jude Children’s Research
Hospital has reported dramatic increases in the survival rates of
the ten most common pediatric cancers over the last 50 years.
Increased survival rates are attributed both to earlier detection
and to improvements in treatment options. The drug cisplatin is an
important component of many such treatments.
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In This Chapter, You Will Learn

How we use chemical equations to represent chemical
reactions. You will also learn how balanced chemical
equations are used to solve a variety of problems.

Before You Begin, Review These Skills

» Average atomic mass [« Section 2.5]
+ Molecular formulas [l44 Section 2.7]

Stoichiometry’s Importance
in the Manufacture of Drugs

Stoichiometry refers to the quantitative relationships between the substances that are consumed
and produced by chemical reactions. These quantitative relationships are important in the devel-
opment of large-scale production of such things as chemotherapeutic drugs for the treatment
of cancer.

One of cancer chemotherapy’s greatest success stories began with an accidental discovery. In
1964, Barnett Rosenberg and his research group at Michigan State University were studying the
effect of an electric field on the growth of bacteria. Using platinum electrodes, they passed an
electric current through a bacterial culture. To their surprise, the cells in the culture stopped
dividing. The researchers determined that cisplatin, Pt(NH;),Cl,, a compound containing plati-
num from the electrodes, was responsible. Furthermore, they reasoned that because cancer is
the result of the uncontrolled division of abnormal cells, the compound might be useful as an
anticancer drug.

Platinol, the name under which cisplatin is marketed, was approved by the FDA in 1978 for the
treatment of metastatic testicular and ovarian cancers. Today it is one of the most commonly
prescribed cancer drugs—often being used as part of a chemotherapeutic combination for the
treatment of a wide variety of cancers. Because it plays an important role in the treatment of
so many different cancers, it is sometimes called “the penicillin of chemotherapy.” Cisplatin
works by attaching itself to the DNA of cancer cells and preventing their replication. The dam-
aged cells are then destroyed by the body’s immune system. Unfortunately, cisplatin can cause
serious side effects, including severe kidney damage. Ongoing research efforts are directed
toward finding related compounds that are both effective and less toxic.

In 1964, cisplatin was produced accidentally when platinum electrodes reacted with ammonia
molecules and chloride ions that were present in a bacterial culture. Today, manufacturers use
the principles of stoichiometry to produce cisplatin in the most efficient, economical way
possible.

Cisplatin
1:mg/ml concentrate for
solution for infusion b

Intravenous

e
1 mg/ml (50 mi = 50 mg) ]
Forsingle use only

PLO0ZBYN146  sarapdrsF R

©Dr. P. Marazzi/Science Source

At the end of this chapter, you
will be able to solve several
problems related to the drug
cisplatin [W Applying What
You’ve Learned, page 118].
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m Molecular and Formula Masses

Using atomic masses from the periodic table and a molecular formula, we can determine the
molecular mass, which is the mass in atomic mass units (amu) of an individual molecule. The
molecular mass is simply the sum of the atomic masses of the atoms that make up the molecule.
We multiply the atomic mass of each element by the number of atoms of that element in the
molecule and then sum the masses for each element present. For example,

molecular mass of H,O = 2(atomic mass of H) + atomic mass of O
= 2(1.008 amu) + 16.00 amu = 18.02 amu

Because the atomic masses on the periodic table are average atomic masses, the result of
such a determination is an average molecular mass, sometimes referred to as the molecular
weight. As with the term atomic mass, we will use the term molecular mass in this text.

Although an ionic compound does not have a molecular mass, we can use its empirical for-
mula to determine its formula mass (the mass of a “formula unit”), sometimes called the formula
weight. Sample Problem 3.1 illustrates how to determine molecular mass and formula mass.

SAMPLE PROBLEM

Calculate the molecular mass or the formula mass, as appropriate, for each of the following compounds: (a) propane, (CsHg), (b) lithium
hydroxide, (LiOH), and (c) barium acetate, [Ba(C,H;0,),].

Strategy Determine the molecular mass (for each molecular compound) or formula mass (for each ionic compound) by summing all the
atomic masses.

Setup Using the formula for each compound, determine the number of atoms of each element present. A molecule of propane contains three
C atoms and eight H atoms. The compounds in parts (b) and (c) are ionic and will therefore have formula masses rather than molecular
masses. A formula unit of lithium hydroxide contains one Li atom, one O atom, and one H atom. A formula unit of barium acetate contains
one Ba atom, four C atoms, six H atoms, and four O atoms. (Remember that the subscript after the parentheses means that there are two
acetate ions, each of which contains two C atoms, three H atoms, and two O atoms.)

Solution For each compound, multiply the number of atoms by the atomic mass of each element and then sum the calculated values.
(a) The molecular mass of propane is 3(12.01 amu) + 8(1.008 amu) = 44.09 amu.

(b) The formula mass of lithium hydroxide is 6.941 amu + 16.00 amu + 1.008 amu = 23.95 amu.

(c) The formula mass of barium acetate is 137.3 amu + 4(12.01 amu) + 6(1.008 amu) + 4(16.00 amu) = 255.4 amu.

THINK ABOUT IT

Double-check that you have counted the number of atoms correctly for each compound and that you have used the proper atomic
masses from the periodic table.

Practice Problem GTTEM PT Calculate the molecular or
formula mass of each of the following compounds:

(a) magnesium chloride (MgCl,), (b) sulfuric acid (H,SO,),
and (c) oxalic acid (H,C,0,).

Practice Problem G)UILD Calculate
the molecular or formula mass of each of the
following compounds: (a) calcium carbonate
(CaCO0y), (b) nitrous acid (HNO,), and

(c) ammonium sulfide [(NH,4),S].

Practice Problem (ONCEPTUALIZE
Some over-the-counter medicines for migraines
contain both ibuprofen and caffeine, molecular
models of which are shown here. Write a )

molecular formula for each of these compounds. Caffeine Ibuprofen
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CHECKPOINT — SECTION 31 Molecular and Formula Masses

341  What is the molecular mass of citric acid (H;C¢H50O7)? 31.2 What is the formula mass of calcium citrate [Ca;(CsHs07),]?
a) 192.12 amu a) 309.34 amu
b) 189.10 amu b) 69.10 amu
¢) 132.07 amu ¢) 229.18 amu
d) 29.02 amu d) 498.44 amu
e) 89.07 amu e) 418.28 amu

Citric acid

m Percent Composition of Compounds

The formula of a compound indicates the number of atoms of each element in a unit of the
compound. From a molecular or empirical formula, we can calculate what percent of the total
mass is contributed by each element in a compound. A list of the percent by mass of each ele-
ment in a compound is known as the compound’s percent composition by mass. One way that
the purity of a compound can be verified is by comparing its percent composition by mass,
determined experimentally, with its calculated percent composition. Percent composition is cal-
culated by dividing the mass of each element in a unit of the compound by the molecular or
formula mass of the compound and then multiplying by 100 percent. Mathematically, the percent
by mass of an element in a compound is expressed as

n X atomic mass of element .
percent by mass of an element = x 100% Equation 3.1
molecular or formula mass of compound

where 7 is the number of atoms of the element in a molecule or formula unit of the compound.
For example, in a molecule of hydrogen peroxide (H,0,), there are two H atoms and two O atoms.
The atomic masses of H and O are 1.008 and 16.00 amu, respectively, so the molecular mass of
H,0, is 34.02 amu. Therefore, the percent composition of H,O, is calculated as follows:

2 % 1.008 amu H
%H = =" = % 100% = 5.926%
“ 7 34,02 amu H,0, ’ ‘

2 % 16.00 amu O
%0 = =X 2P AMU D 100% = 94.06%
= 30 amu 0, * °

The sum of percentages is 5.296% + 94.06% = 99.99%. The small discrepancy from 100 percent
is due to rounding of the atomic masses of the elements. We could equally well have used the
empirical formula of hydrogen peroxide (HO) for the calculation. In this case, we would have
used the empirical formula mass, 17.01 amu, in place of the molecular mass.

1,008 amu H
%H = —— MU 100% = 5.926%
17.01 amu
16.
%0 = 16:00amuO e — 94.06%
17.01 amu

Because both the molecular formula and the empirical formula tell us the composition of the
compound, they both give the same percent composition by mass. Sample Problem 3.2 shows
how to calculate percent composition by mass.
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SAMPLE PROBLEM

Lithium carbonate (Li,CO3) was the first “mood-stabilizing” drug approved by the FDA for the treatment of mania and manic-depressive
illness, also known as bipolar disorder. Calculate the percent composition by mass of lithium carbonate.

Strategy Use Equation 3.1 to determine the percent by mass contributed by each element in the compound.

Setup Lithium carbonate is an ionic compound that contains Li, C, and O. In a formula unit, there are two Li atoms, one C atom, and three
O atoms with atomic masses 6.941, 12.01, and 16.00 amu, respectively. The formula mass of (Li,COs3) is 2(6.941 amu) + 12.01 amu +
3(16.00 amu) = 73.89 amu.

Solution For each element, multiply the number of atoms by the atomic mass, divide by the formula mass, and multiply by 100 percent.

_ 2 X 6.941 amu Li

Li= 100% = 18.7
oL = 23 89 amu Liyco, * 100% 9%
12.01 amu C
%C = AUE o 100% = 16.25%
= 7389 amu Li,CO; - ¢
16.
0 = S X 1600amu0 o0 64 06%

73.89 amu Li,CO;,

THINK ABOUT IT

Make sure that the percent composition results for a compound sum to approximately 100. (In this case, the results sum to exactly
100 percent—18.79% + 16.25% + 64.96% = 100.00%—but remember that because of rounding, the percentages may sum to very slightly
more or very slightly less.)

Practice Problem QTTEM PT Determine the percent composition by mass of the artificial sweetener aspartame (C;4H;gN,Os).

Practice Problem GUILD Determine the simplest molecular formula for a compound that is 62.04 percent carbon, 10.41 percent
hydrogen, and 27.55 percent oxygen by mass.

Practice Problem GONCEPTUALIZE Determine the percent composition by mass of acetaminophen, the active ingredient in over-the-
counter pain relievers such as Tylenol.

. 4l READ THE LABEL Ilip =

NDC 50580-449-09 ez

[0 NOT USE WITH OTHER MEDICIN
|__ CONTAINING ACETAMINGPHEN

Heetamingoheng

e EXTRA
educer  STRENGTH |8

" Acetaminophen
100CAPLES- SO0mgesch e

©David A. Tietz/Editorial Image, LLC

Acetaminophen
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CHECKPOINT — SECTION 3.2 Percent Composition of Compounds

3.21 What is the percent composition by D 3.2.2 What is the percent composition by mass of sodium

mass of aspirin (CoHgO,4)? bicarbonate (NaHCO3)?

a) 44.26% C, 3.28% H, 52.46% O & a) 20.89% Na, 2.75% H, 32.74% C, 43.62% O
b) 60.00% C, 4.48% H, 35.53% O \ b) 44.20% Na, 1.94% H, 23.09% C, 30.76% O
c) 41.39% C, 3.47% H, 55.14% O > h ¢) 21.28% Na, 0.93% H, 33.35% C, 44.43% O
d) 42.86% C, 6.35% H, 50.79% O d) 44.20% Na, 1.94% H, 23.09% C, 30.76% O
e) 42.86% C, 38.09% H, 19.05% O < - ) e) 27.37% Na, 1.20% H, 14.30% C, 57.14% O

Aspirin

m Chemical Equations

A chemical reaction, as described in the third hypothesis of Dalton’s atomic theory [l Section 2.1],
is the rearrangement of atoms in a sample of matter. Examples include the rusting of iron and
the explosive combination of hydrogen and oxygen gases to produce water. A chemical equation
uses chemical symbols to denote what occurs in a chemical reaction. We have seen how chem-
ists represent elements and compounds using chemical symbols. We now look at how chemists
represent chemical reactions using chemical equations.

Interpreting and Writing Chemical Equations

A chemical equation represents a chemical statement. When you encounter a chemical equation,
you may find it useful to read it as though it were a sentence.
Read

NH; + HCl —— NH,CI

as “Ammonia and hydrogen chloride react to produce ammonium chloride.”
Read

CaCO; — CaO + CO,

as “Calcium carbonate reacts to produce calcium oxide and carbon dioxide.” Thus, the plus signs
can be interpreted simply as the word and, and the arrows can be interpreted as the phrase
“react(s) to produce.”

In addition to interpreting chemical equations, you must be able to write chemical equations
to represent reactions. For example, the equation for the process by which sulfur and oxygen
react to produce sulfur dioxide is written as

S+02—>SOZ

Likewise, we write the equation for the reaction of sulfur trioxide and water to produce sulfuric
acid as

SO3 + Hzo _— HzSO4

Each chemical species that appears to the left of the arrow is called a reactant. Reactants are
those substances that are consumed in the course of a chemical reaction. Each species that
appears to the right of the arrow is called a product. Products are the substances that form dur-
ing the course of a chemical reaction.

Chemists usually indicate the physical states of reactants and products with italicized letters
in parentheses following each species in the equation. Gases, liquids, and solids are labeled with
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Student Note: Students sometimes
fear that they will be asked to
determine the products of an
unfamiliar chemical reaction—and will
be unable to do so. In this chapter
and in Chapter 4, we explain how to
deduce the products of several
different types of reactions.

Student Note: When we study
electrochemistry in detail, we present
a method for balancing certain
equations that does allow the addition
of H,0, H*, and OH™ W Section 191].

(), (), and (s), respectively. Chemical species that are dissolved in water are said to be aqueous
and are labeled (aq). The equation examples given previously can be written as follows:

NH;(g) + HCI(g) —— NH,CI(s)  S(s) + Ox(g) —— SOx(g)
CaCO;(s) —— CaO(s) + CO,(g) SO5(g) + H,O(l) —— H,S04(aq)

In some cases, the physical state must be expressed more specifically. Carbon, for example,
exists in two different solid forms: diamond and graphite. Rather than simply write C(s), we
must specify the form of solid carbon by writing C(diamond) or C(graphite).

C(graphite) + Oy(g) —— COx(g)
C(diamond) + O,(g) —— CO,(g)

Some problems in later chapters can be solved only if the states of reactants and products
are specified. It is a good idea to get in the habit now of including the physical states of reactants
and products in the chemical equations that you write.

Chemical equations are also used to represent physical processes. Sucrose (Ci,H»Oq;)
dissolving in water, for example, is a physical process [l4¢ Section 1.2] that can be represented
with the following chemical equation:

e}
C2H2044(s) LN C,H»0,1(aq)

The H,O over the arrow in the equation denotes the process of dissolving a substance in water.
Although formulas or symbols often are omitted for simplicity, they can be written over an arrow
in a chemical equation to indicate the conditions under which the reaction takes place. For
example, in the chemical equation

2KCl105(s) 4. 2KCI(s) + 30,(g)

the symbol A indicates that the addition of heat is necessary to make KClOj; react to form KCl
and O,.

Balancing Chemical Equations

Based on what you have learned so far, the chemical equation for the explosive reaction of
hydrogen gas with oxygen gas to form liquid water would be

S
e \
Hy(g) +  Ox¢) —— HO00)

This equation as written violates the law of conservation of mass, however, because four atoms
(two H and two O) react to produce only three atoms (two H and one O).

The equation must be balanced so that the same number of each kind of atom appears on
both sides of the reaction arrow. Balancing is achieved by writing appropriate stoichiometric
coefficients (often referred to simply as coefficients) to the left of the chemical formulas. In this
case, we write a coefficient of 2 to the left of both the H,(g) and the H,O(l):

-y
2Hy(g) + Oi(9) —— Z2H,00)

There are now four H atoms and two O atoms on each side of the arrow. When balancing a
chemical equation, we can change only the coefficients that precede the chemical formulas, not
the subscripts within the chemical formulas. Changing the subscripts would change the formulas
for the species involved in the reaction. For example, changing the product from H,O to H,0,
would result in equal numbers of each kind of atom on both sides of the equation, but the equa-
tion we set out to balance represented the combination of hydrogen gas and oxygen gas to form
water, not hydrogen peroxide. Additionally, we cannot add reactants or products to the chemical
equation for the purpose of balancing it. To do so would result in an equation that represents
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the wrong reaction. The chemical equation must be made quantitatively correct without changing
its qualitative chemical statement.

Balancing a chemical equation requires something of a trial-and-error approach. You may find
that you change the coefficient for a particular reactant or product, only to have to change it again
later in the process. In general, it will facilitate the balancing process if you do the following:

1. Change the coefficients of compounds (e.g., CO,) before changing the coefficients of
elements (e.g., O,).

2. Treat polyatomic ions that appear on both sides of the equation (e.g., CO3") as units, rather
than counting their constituent atoms individually.

3. Count atoms and/or polyatomic ions carefully, and track their numbers each time you
change a coefficient.

Combustion refers to burning in the presence of oxygen. Combustion of a hydrocarbon such
as butane produces carbon dioxide and water. To balance the chemical equation for the combustion
of butane, we first take an inventory of the numbers of each type of atom on each side of the arrow.

C4Hj9(8) + Oax(g) —— COy(g) + H,O()
4-C-1
10-H-2
2-0-3

Initially, there are four C atoms on the left and one on the right; ten H atoms on the left and
two on the right; and two O atoms on the left with three on the right. As a first step, we place
a coefficient of 4 in front of CO,(g) on the product side.

Cy4H,o(g) + Oy(g) —— 4CO,(g) + H,O()
4-C—4
10-H-2
2-0-9

This changes the tally of atoms as shown. Thus, the equation is balanced for carbon, but not for
hydrogen or oxygen. Next, we place a coefficient of 5 in front of H,O(/) on the product side
and tally the atoms on both sides again.

CyHio(g) + Ox(g) —— 4CO4(g) + SHO()
4-C—4
10—H—10
2—0-13

Now the equation is balanced for carbon and hydrogen. Only oxygen remains to be balanced.
There are 13 O atoms on the product side of the equation (eight in CO, molecules and another
five in H,O molecules), so we need 13 O atoms on the reactant side. Because each oxygen
molecule contains two O atoms, we have to place a coefficient of 5 in front of O,(g):

CyH,o(g) + 5 0x(g) — 4CO,(g) + 5H,0()
4—C—4
10—H-10
13—0—13

With equal numbers of each kind of atom on both sides of the equation, this equation is now
balanced. For now, however, you should practice balancing equations with the smallest possible
whole number coefficients. Multiplying each coefficient by 2 gives all whole numbers and a
final balanced equation:

2C4H;0(g) + 130,(g) —— 8COx(g) + 10H,0())
8—C-8
20—H-20
26—0—26

Student Note: A balanced equation
is, in a sense, a mathematical equality.
We can multiply or divide through by
any number, and the equality will still
be valid.

89
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Sample Problem 3.3 lets you practice writing and balancing a chemical equation.

SAMPLE PROBLEM

Write and balance the chemical equation for the aqueous reaction of barium hydroxide and perchloric acid to produce aqueous barium
perchlorate and water.

Strategy Determine the formulas and physical states of all reactants and products, and use them to write a chemical equation that makes the
correct chemical statement. Finally, adjust coefficients in the resulting chemical equation to ensure that there are identical numbers of each
type of atom on both sides of the reaction arrow.

Setup The reactants are Ba(OH), and HCIO,, and the products are Ba(ClO,), and H,O [l Sections 2.6 and 2.7]. Because the reaction is
aqueous, all species except H,O will be labeled (ag) in the equation. Being a liquid, H,O will be labeled (/).

Solution The chemical statement “barium hydroxide and perchloric acid react to produce barium perchlorate and water” can be represented
with the following unbalanced equation:

Ba(OH),(ag) + HCIO,(ag) — Ba(ClO,)y(aq) + H,O())

Perchlorate ions (ClOj) appear on both sides of the equation, so count them as units, rather than count the individual atoms they contain. Thus,
the tally of atoms and polyatomic ions is

1—Ba—1
2—0—1 (not including O atoms in ClOj ions)
3—H—2
1—ClO; —2
The barium atoms are already balanced, and placing a coefficient of 2 in front of HC1O4(ag) balances the number of perchlorate ions.
Ba(OH),(aq) + 2HClIO,(ag) ——> Ba(ClOy),(ag) + H,O())
1—Ba—1
2—0—1 (not including O atoms in ClO} ions)
4—H-2
2—ClO;—2
Placing a coefficient of 2 in front of H,O(/) balances both the O and H atoms, giving us the final balanced equation:
Ba(OH),(aq) + 2HCIO4(ag) —> Ba(ClO,),(aq) + 2H,0(/)
1—Ba—1
2—0—2 (not including O atoms in ClOj ions)
4—H—4
2—ClO;—2

THINK ABOUT IT

Check to be sure the equation is balanced by counting all the atoms individually.
1—Ba—1
10—0—10
4—H—4
2—Cl—2

Practice Problem QTTEM PT Write and balance the chemical equation that represents the combustion of propane (i.e., the reaction of
propane gas with oxygen gas to produce carbon dioxide gas and liquid water).

Practice Problem GU ILD Write and balance the chemical equation that represents the reaction of sulfuric acid with sodium hydroxide to
form water and sodium sulfate.

Practice Problem GONCE PTUALIZE Write a balanced equation
for the reaction shown here. + 0 —_ + ’)
R -
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—
Bringing Chemistry to Life o

The Stoichiometry of Metabolism

The carbohydrates and fats we eat are broken down into small molecules in the digestive
system. Carbohydrates are broken down into simple sugars such as glucose (CsH;,04), and
fats are broken down into fatty acids (carboxylic acids that contain hydrocarbon chains) and
glycerol (C;HgO;). The small molecules produced in the digestion process are subsequently
consumed by a series of complex biochemical reactions. Although the metabolism of simple
sugars and fatty acids involves relatively complex processes, the results are essentially the % %
same as that of combustion—that is, simple sugars and fatty acids react with oxygen to
produce carbon dioxide, water, and energy. The balanced chemical equation for the
metabolism of glucose is

r(\ :‘ “ \‘\ "
’ ‘Q T a® v
o "X 4 <

Glycerol

Sample Problem 3.4 shows how to balance and use the equation for metabolism.

SAMPLE PROBLEM

Butyric acid (also known as butanoic acid, C4;HgO,) is one of many compounds found in milk fat. First isolated from rancid butter in 1869,
butyric acid has received a great deal of attention in recent years as a potential anticancer agent. Assuming that the only products are CO, and
H,O, write and balance the equation for the metabolism of butyric acid.

Strategy Write an unbalanced equation to represent the combination of reactants and formation of
products as stated in the problem, and then balance the equation. «

Setup Metabolism in this context refers to the combination of C4HgO, with O, to produce CO, and H,O.
Solution

C,HgO,(ag) + Oy(g) ——> CO,(g) + H,O()

Balance the number of C atoms by changing the coefficient for CO, from 1 to 4.

Butyric acid

C4HgOx(ag) + Ox(g) —— 4CO,(g) + H,0(!)
Balance the number of H atoms by changing the coefficient for H,O from 1 to 4.

C4HyOx(aq) + Oy(g) —— 4CO4(g) + 4H,0()
Finally, balance the number of O atoms by changing the coefficient for O, from 1 to 5.

C,HgOx(ag) + 50,(g) ——> 4CO,(g) + 4H,0()

THINK ABOUT IT

Count the number of each type of atom on each side of the reaction arrow to verify that the equation is properly balanced. There are
4 C, 8 H, and 12 O in the reactants and in the products, so the equation is balanced.

(Continued on next page)
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Practice Problem QTTEM PT Another compound found in milk fat that appears to have anticancer and antiobesity properties is
conjugated linoleic acid (CLA; C;gH3,0,). Assuming again that the only products are CO, and H,O, write and balance the equation for the
metabolism of CLA.

NEW BENEFIT,

Dttt Made | Natuie M
A, |
T

=
e
5

BUILDS LEAN BODY MAS

Conjugated linoleic acid
©McGraw-Hill Education/John Flournoy, photographer

Practice Problem GU ILD Write and balance the equation for the combination of ammonia gas with solid copper(I) oxide to produce
copper metal, nitrogen gas, and liquid water.

Practice Problem GONCEPT UALIZE The compound shown on the left reacts with nitrogen dioxide to form the compound shown on
the right and iodine. Write a balanced equation for the reaction.

C C

Methyl iodide Nitromethane

CHECKPOINT — SECTION 3.3 Chemical Equations

3.31 What are the stoichiometric coefficients in the following 3.3.2 Which chemical equation represents the reaction shown?
equation when it is balanced? (Blue spheres are nitrogen, and white spheres are hydrogen.)
CH.(g) + H,0(g) —— Ha(g) + COx(g) U R o \

® 274 e o

a) 1,2,2,2 Q \ Q
+ = \ ) U I n\ - Y

b) 2,1,1,2 (++ . D ~ g\
© 1,221 ‘ ?
@222l 2) 6N(g) + 18H(g) —— 6NHy(g)
e) 1,2, 4,1

b) 3Nax(g) + 3Ha(g) —— 2NH;(g)
¢) 2Nx(g) + 3Hy(g) — 2NH;(g)
d) Ny(g) + 3Hx(g) — 2NH;(g)

e) 3Nx(g) + 6Hy(g) —— 6NH;(g)
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3.3.3 Which is the correctly balanced form of the given equation? Which of the following represents the contents of the reac-
S(s) + O3(8) —— SOu(g) tion vessel when the reaction is complete?
2 () + 0y(8) —— SO(e) Y Q @ | o @ @
b) 3S(s) + 605(g) ——> 3S0,(g) ‘ @ ® ]
¢) 3S(s) + Os(8) — 3504(9) ’ &P ®

d) 35(s) + 204(g) ——= SOx(g) VDD D d o o

e) 35(s) + 205(g) —> 3S0x(g)

3.3.4 Carbon monoxide reacts with oxygen to produce carbon ’ ‘ ‘ o ‘ ’

dioxide according to the following balanced equation:

<
2C0(9) + Os(g) —— 2C0() ° ¢

A reaction vessel containing the reactants is pictured. o ’ o ‘ ‘

m The Mole and Molar Masses

A balanced chemical equation tells us not only what species are consumed and produced in a
chemical reaction, but also in what relative amounts. In the combination of hydrogen and oxygen
to produce water, the balanced chemical equation tells us that two H, molecules react with one
0O, molecule to produce two H,O molecules. When carrying out a reaction such as this, however,
chemists do not work with individual molecules. Rather, they work with macroscopic quantities
that contain enormous numbers of molecules. Regardless of the number of molecules involved,
though, the molecules combine in the ratio specified in the balanced equation. Twenty molecules
of hydrogen would combine with 10 molecules of oxygen, 10 million molecules of hydrogen
would combine with 5 million molecules of oxygen, and so on. Clearly, it would not be conve-
nient to express the quantities used in the laboratory in terms of the numbers of molecules
involved! Instead, chemists use a unit of measurement called the mole.

The Mole

If you're getting doughnuts for yourself, you probably buy them individually, but if you’re getting
them for your entire chemistry class, you had better buy them by the dozen. One dozen doughnuts
contains exactly 12 doughnuts. In fact, a dozen of anything contains exactly 12 of that thing.
Pencils typically come 12 to a box, and 12 such boxes may be shipped to the campus bookstore
in a bigger box. The bigger box contains one gross of pencils (144). Whether a dozen or a gross,
each is a convenient quantity that contains a reasonable, specific, exact number of items.
Chemists, too, have adopted such a number to make it easy to express the number of
molecules (or atoms or ions) in a typical macroscopic sample of matter. Atoms and molecules
are so much smaller than doughnuts or pencils, though, that the number used by chemists is
significantly bigger than a dozen or a gross. The quantity used by chemists is the mole (mol),

which is defined as the amount of a substance that contains as many elementary entities (atoms, Student Note: Avogadro’s number is
. . A 3 i} 23
molecules, formula units, etc.) as there are atoms in exactly 0.012 kg (12 g) of carbon-12. The almost unimaginably big. If 6.022 x 10
. . . . . . pennies were distributed equally
number of atoms in exactly 1.2 g of carbon-12, .VVhICh. is .determmed experlmen}ally, is known AR g 22 oy
as Avogadro’s number (N,), in honor of the Italian scientist Amedeo Avogadro.” The currently States, each man, woman, and child
accepted value of Avogadro’s number is 6.0221418 x 107, although we usually round it to would have over 20 trillion dollars!

Furthermore, each person’s share of
pennies, neatly stacked, would occupy

. . . . o . approximately the same volume as
1. Lorenzo Romano Amedeo Carlo Avogadro di Quaregua e di Cerret (1776-1856). Italian mathematical physicist. He practiced law 760 Empire State Buildings.

for many years before he became interested in science. His most famous work, now known as Avogadro’s law (see Chapter 10), was
largely ignored during his lifetime, although in the late nineteenth century it became the basis for determining atomic masses.
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Figure 3.1 Bulk nails are sold by the
pound. How many nails there are in a
pound depends on the size and type
of nail.

©Ryan McVay/Photodisc/Getty Images

Type of nail Size (in) Nails/Ib
3d box 1.5 635
6d box 2 236
10d box 3 94
4d casing 1.5 473
8d casing 2.5 145
2d common 1 876
4d common 1.5 316
6d common 2 181
8d common 2.5 106

6.022 x 10%. Thus, a dozen doughnuts contains 12 doughnuts; a gross of pencils contains
144 pencils; and a mole of O, gas, an amount that at room temperature and ordinary pressure
would fill slightly more than half of a 10-gallon fish tank, contains 6.022 x 10> O, molecules.
Unlike the dozen and the gross, which are arrived at by counting objects, the mole is not a
quantity that can be determined by counting. The number of atoms or molecules in a macroscopic
sample of matter is simply too big to be counted. Instead, the number of atoms or molecules in
a quantity of substance is determined by weighing—Ilike nails in a hardware store (Figure 3.1). The
number of nails needed to build a fence or a house is fairly large. Therefore, when nails are
purchased for such a project, they are not counted; but rather, they are weighed to determine their
number. How many nails there are to a pound depends on the size and type of nail.

For example, if we want to buy 1000 1.5-in 4d common nails, we would not count out a
thousand nails. Instead, we would weigh out an amount just over three pounds. Using data from
the table in Figure 3.1:

11b

1000 4d common mails X =3.161b
™ X316 4d commonmails

If we were to weigh out something other than the calculated amount, we could determine the
number of nails using the same conversion factor:
316 4d common nails

5.00 b x L5 = 1580 4d common nails

Note that the same mass of a different type of nail would contain a different number
of nails. For example, we might weigh out 5.00 Ib of 3-in 10d box nails:
5.00 1t x 10X 476104 box nails
11l
The number of nails in each case is determined by weighing a sample of nails, and
the number of nails in a given mass depends on the type of nail. Numbers of elemen-
tary entities, too, are determined by weighing a sample; and the number of elementary
entities per unit mass also depends on the fype of elementary entities in the sample.
Figure 3.2 shows samples containing one mole each of several common substances.
Consider again the formation of water from hydrogen and oxygen gases. No
matter how large the number of molecules involved, the ratio is always two H, com-
bining with one O, to form fwo H,O. Therefore, just as two molecules of hydrogen
combine with one molecule of oxygen to form two molecules of water, two moles of
hydrogen molecules (2 x N, or 12.044 x 10* H, molecules) combine with one mole
of oxygen molecules (6.022 x 10 O, molecules) to form two moles of water mol-
ecules (12.044 x 10% H,O molecules). Thus, we can now interpret the chemical
equation for this reaction in terms of moles. Figure 3.3 depicts this reaction on both
the molecular and macroscopic scales.
Note also that the subscripts in a chemical formula denote the ratio of combination

Figure 3.2 One mole each of several familiar of atoms in a substance. Just as a water molecule contains two H atoms and one O atom,
substances. Left to right: copper, water, salt, sugar, a mole of water molecules contains two moles of H atoms and one mole of O atoms.

and aluminum.

The ratio of combination stays the same, regardless of the size of the sample.

©McGraw-Hill Education/Charles D. Winters, photographer Sample Problem 3.5 lets you practice converting between moles and atoms.
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2H, + 0, e 2H,0 Figure 3.3 The reaction of H, and O,
(a) to form H,O shown as (a) a balanced
chemical equation, (b) molecular
models, and (c) an experiment (at 0°C
and atmospheric pressure) in which
44.8 L of H, are combined with 22.4 L
of O, to produce 36.0 mL of liquid H,O.

Number of moles

Multiply by N Divide by Np
Y

Number of atoms, molecules,
or formula units

(© Na = Avogadro’s number

SAMPLE PROBLEM

Calcium is the most abundant metal in the human body. A typical human body contains roughly 30 moles of calcium. Determine (a) the
number of Ca atoms in 30.00 moles of calcium and (b) the number of moles of calcium in a sample containing 1.00 x 10%° atoms.

Strategy Use Avogadro’s number to convert from moles to atoms and from atoms to moles.

Setup When the number of moles is known, we multiply by Avogadro’s number to convert to atoms. When the number of atoms is known,
we divide by Avogadro’s number to convert to moles.

Solution
6.022 x 10* Ca atoms
1 mel-€a
y 1 mol Ca
6.022 x 10* Ca-atoms

= 1.807 x 10® Ca atoms

(a) 30.00 met€a x

= 1.66 x 10~* mol Ca

(b) 1.00 x 10% Ca atoms

THINK ABOUT IT

Make sure that units cancel properly in each solution and that the result makes sense. In part (a), for example, the number of moles
(30) is greater than one, so the number of atoms is greater than Avogadro’s number. In part (b), the number of atoms (1 x 10%) is less
than Avogadro’s number, so there is less than a mole of substance.

Practice Problem QTTEM PT Potassium is the second most abundant metal in the human body. Calculate (a) the number of atoms in
7.31 moles of potassium and (b) the number of moles of potassium that contains 8.91 x 10 atoms.

Practice Problem GUILD Calculate (a) the number of atoms in 1.05 x 10~° mole of helium and (b) the number of moles of helium that
contains 2.33 x 10" atoms.

Practice Problem (QONCEPTUALIZE

These diagrams show collections of objects. For .

each diagram, express the number of objects ~
using units of dozen and using units of gross. . p -\ < 7‘ _-
(Report each answer to four significant figures . )} = > ]

but explain why the answers to this problem

actually have more than four significant figures.) (i) (i1) (iit)

h =
—

*," B v 3B
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Student Note: Because the number
of moles specifies the number of
particles (atoms, molecules, or ions),
using molar mass as a conversion
factor, in effect, allows us to count the
particles in a sample of matter by
weighing the sample.

Determining Molar Mass

Although chemists often wish to combine substances in specific mole ratios, there is no direct
way to measure the number of moles in a sample of matter. Instead, chemists determine how
many moles there are of a substance by measuring its mass (usually in grams). The molar mass
of the substance is then used to convert from grams to moles.

The molar mass (/) of a substance is the mass in grams of 1 mole of the substance. By
definition, the mass of a mole of carbon-12 is exactly 12 g. Note that the molar mass of carbon
is numerically equal to its atomic mass. Likewise, the atomic mass of calcium is 40.08 amu and
its molar mass is 40.08 g, the atomic mass of sodium is 22.99 amu and its molar mass is 22.99 g,
and so on. In general, an element’s molar mass in grams is numerically equal to its atomic mass
in atomic mass units. Recall from Section 2.5 that

1 amu = 1.661 x 107 ¢
This is the reciprocal of Avogadro’s number. Expressed another way:
1 g =6.022 x 10* amu

In effect, there is 1 mole of atomic mass units in a gram. The molar mass (in grams) of any
compound is numerically equal to its molecular or formula mass (in amu). The molar mass of
water, for example, is 18.02 g, and the molar mass of sodium chloride (NaCl) is 58.44 g.

When it comes to expressing the molar mass of elements such as oxygen and hydrogen,
we have to be careful to specify what form of the element we mean. For instance, the element
oxygen exists predominantly as diatomic molecules (O,). Thus, if we say 1 mole of oxygen
and by oxygen we mean O,, the molecular mass is 32.00 amu and the molar mass is 32.00 g.
If on the other hand we mean a mole of atomic oxygen (O), then the molar mass is only 16.00 g,
which is numerically equal to the atomic mass of O (16.00 amu). You should be able to
tell from the context which form of an element is intended, as the following examples
illustrate:

Context Oxygen Means Molar Mass
How many moles of oxygen react with 2 moles of

hydrogen to produce water? 0, 32.00 g
How many moles of oxygen are there in 1 mole of water? o 16.00 g
Air is approximately 21% oxygen. 0, 32.00 g
Many organic compounds contain oxygen. o 16.00 g

Although the term molar mass specifies the mass of 1 mole of a substance, making the
appropriate units simply grams (g), we usually express molar masses in units of grams per mole
(g/mol) to facilitate calculations involving moles.

Interconverting Mass, Moles, and Numbers of Particles

Molar mass is the conversion factor that we use to convert from mass (m) to moles (n), and
vice versa. We use Avogadro’s number to convert from number of moles to number of particles
(N), and vice versa. Particles in this context may refer to atoms, molecules, ions, or formula
units. Figure 3.4 summarizes the operations involved in these conversions.

Sample Problems 3.6 and 3.7 illustrate how the conversions are done.

Divide by molar mass Divide by N
> <€ T
% = mol particles X mo - = mol
g/mo 6.022 x 10?3 particles
Particles
Grams Moles Atoms
Molecules
‘Multiply by molar mass Multiply by Ny _ |Formula units
- »~
— 23 ;
mol X (g/mol) = g mol x 6.022 x 110 1pa.rtlcles — particles
mo

Figure 3.4 Flowchart for conversions among mass, moles, and number of particles.
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SAMPLE PROBLEM

Determine (a) the number of moles of C in 10.00 g of naturally occurring carbon and (b) the mass of 0.905 mole of sodium chloride.
Strategy Use molar mass to convert from mass to moles and to convert from moles to mass.

Setup The molar mass of carbon is 12.01 g/mol. The molar mass of a compound is numerically equal to its formula mass. The molar mass
of sodium chloride (NaCl) is 58.44 g/mol.

Solution

@ 1000 g x LmLC 58.44 g NaCl

—— =0.832 1 5 ————— =30, 1
1201 £€ 0.8326 mol C (b) 0.905 mol-NaCT X 1 52.9 g NaC

THINK ABOUT IT

Always double-check unit cancellations in problems such as these—errors are common when molar mass is used as a conversion factor.
Also make sure that the results make sense. In both cases, a mass smaller than the molar mass corresponds to less than a mole of
substance.

Practice Problem QTTEMPT (a) Determine the mass in grams of 2.75 moles of glucose (C¢H;,0g). (b) Determine the number of
moles in 59.8 g of sodium nitrate (NaNOs3).

Practice Problem GUILD (a) Determine the mass of sodium metal that contains the same number of moles as 87.2 g of copper metal.
(b) Determine the number of moles of helium that has the same mass as 4.505 moles of neon.

Practice Problem GONCEPT UALIZE Plain doughnuts from a particular bakery have an average mass of 32.6 g, whereas jam-filled
doughnuts from the same bakery have an average mass of 40.0 g. (a) Determine the mass of a dozen plain doughnuts and the mass of a dozen
jam-filled doughnuts. (b) Determine the number of doughnuts in a kilogram of plain and the number in a kilogram of jam-filled. (c) Determine
the mass of plain doughnuts that contains the same number of doughnuts as a kilogram of jam-filled. (d) Determine the total mass of a dozen
doughnuts consisting of three times as many plain as jam-filled.

SAMPLE PROBLEM

(a) Determine the number of water molecules and the numbers of H and O atoms in 3.26 g of water. (b) Determine the mass of 7.92 X 10"
carbon dioxide molecules.

Strategy Use molar mass and Avogadro’s number to convert from mass to molecules, and vice versa. Use the molecular formula of water to
determine the numbers of H and O atoms.

Setup (a) Starting with mass (3.26 g of water), we use molar mass (18.02 g/mol) to convert to moles of water. From moles, we use Avogadro’s num-
ber to convert to number of water molecules. In part (b), we reverse the process in part (a) to go from number of molecules to mass of carbon dioxide.

Solution

1 molH;0 " 6.022 x 10* H,0 molecules
18.02 g H;O 1 meHHZO

Using the molecular formula, we can determine the number of H and O atoms in 3.26 g of H,O as follows:

(a) 3.26 g H50 x = 1.09 x 10* H,0 molecules

2 H ati
1.09 x 10% H,O-motecules x 1& = 2.18 x 10* H atoms
H,O-melecule
23 1 Oatom 5
1.09 x 10~ H,O-metecules X TH.Omotectle — 1.09 x 10~ O atoms
H,O-melecule
1 mol-€O; 44.01 g CO,

(b) 7.92 x 10" CO, metecutes =579 % 107 g CO,

X X
6.022 x 10* CO, molecules =~ 1 mot€O;

THINK ABOUT IT

Again, check the cancellation of units carefully and make sure that the magnitudes of your results are reasonable.

(Continued on next page)
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Practice Problem QTTEMPT (a) Calculate the number of oxygen molecules and the number of oxygen atoms in 35.5 g of O,.
(b) Calculate the mass of 9.95 x 10" SO; molecules.

Practice Problem BUILD (a) Determine the number of oxygen atoms and hydrogen atoms in
1.00 kg of water. (b) Calculate the mass of calcium carbonate that contains 1.00 mol of oxygen atoms.

Practice Problem GONCEPT UALIZE A particular commemorative set of coins contains two
1.00-oz silver coins and three 0.500-0z gold coins. (a) How many gold coins are there in 49.0 1b of
coin sets? (b) How many silver coins are there in a collection of sets that has a total mass of 63.0 1b?
(c) What is the total mass (in 1b) of a collection of sets that contains 93 silver coins? (d) What is the
mass of silver coins (in Ib) in a collection of coin sets that contains 9.00 1b of gold coins?

Empirical Formula from Percent Composition

In Section 3.2, we learned how to use the chemical formula (either molecular or empirical) to
determine the percent composition by mass. With the concepts of the mole and molar mass, we
can now use the experimentally determined percent composition to determine the empirical
formula of a compound. Sample Problem 3.8 shows how to do this.

SAMPLE PROBLEM

Determine the empirical formula of a compound that is 30.45 percent nitrogen and 69.55 percent oxygen by mass.

Strategy Assume a 100-g sample so that the mass percentages of nitrogen and oxygen given in the problem statement correspond to the
masses of N and O in the compound. Then, using the appropriate molar masses, convert the grams of each element to moles. Use the resulting
numbers as subscripts in the empirical formula, reducing them to the lowest possible whole numbers for the final answer.

Setup The empirical formula of a compound consisting of N and O is N,O,. The molar masses of N and O are 14.01 and 16.00 g/mol,
respectively. One hundred grams of a compound that is 30.45 percent nitrogen and 69.55 percent oxygen by mass contains 30.45 g N
and 69.55 g O.

Solution
1 mol N
04 0 _2173molN
30.45 g N x 14.01 3 mo
69.55 26 x 1O _ 4 247 mot 0
' 1600g0 _ orlme

This gives a formula of N, ;730,4347. Dividing both subscripts by the smaller of the two to get the smallest possible whole numbers
(2.173/2.173 = 1, 4.347/2.173 = 2) gives an empirical formula of NO,. This may or may not be the molecular formula of the compound
because both NO, and N,O, have this empirical formula. Without knowing the molar mass, we cannot be sure which one it is.

THINK ABOUT IT

Use the method described in Sample Problem 3.2 to calculate the percent composition of the empirical formula NO, and verify that it
is the same as that given in this problem.

Practice Problem QTTEMPT Determine the empirical formula of a compound that is 52.15 percent C, 13.13 percent H, and
34.73 percent O by mass.

Practice Problem GU ILD Determine the empirical formula of a compound that is 85.63 percent C and 14.37 percent H by mass.

Practice Problem GONCEPT UALIZE What is the smallest collection of coins from Practice Problem 3.7C that would be 60 percent
gold and 40 percent silver by mass? (Assume that the gold coins are pure gold and the silver coins are pure silver.)
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CHECKPOINT — SECTION 3.4 The Mole and Molar Masses

3.41 How many molecules are in 30.1 g of sulfur dioxide (SO,)? 3.4.3 Determine the empirical formula of a compound that has the
a) 1.81 x 10% d) 1.02 x 10% following composition: 92.3 percent C and 7.7 percent H.
b) 2.83 x 107 e) 5.00 x 1072 a) CH d) Cotly
) 6.02 x 107 b) C,Hj e) C.H;
C) C4H6
3.4.2 How many moles of hydrogen are there in 6.50 g of
ammonia (NH;)? 3.4.4 Determine the empirical formula of a compound that has
a) 0.382 mol d) 1.14 mol the following composition: 48.6 percent C, 8.2 percent H,
and 43.2 percent O.
b) 1.39 mol e) 2.66 mol
a) C3H80 d) CzHﬁO
¢) 0.215 mol
b) C3H6O C) C3H602
¢) GHs0,

m Combustion Analysis

As we saw in [p»| Section 3.4], knowing the mass of each element contained in a sample of
a substance enables us to determine the empirical formula of the substance. One common,
practical use of this ability is the experimental determination of empirical formula by
combustion analysis.

Combustion analysis of organic compounds (containing carbon, hydrogen, and sometimes
oxygen) is carried out using an apparatus like the one shown in Figure 3.5. A sample of known
mass is placed in the furnace and heated in the presence of oxygen. The carbon dioxide and
water produced from carbon and hydrogen, respectively, in the combustion reaction are collected
in “traps,” which are weighed before and after the combustion. The difference in mass of each
trap before and after the reaction is the mass of the collected product. Knowing the mass of
each product, we can determine the percent composition of the compound. And, from percent
composition, we can determine the empirical formula.

Determination of Empirical Formula

When a compound such as glucose is burned in a combustion analysis apparatus, carbon dioxide
(CO,) and water (H,O) are produced. Because only oxygen gas is added to the reaction, the
carbon and hydrogen present in the products must have come from the glucose. The oxygen in
the products may have come from the glucose, but it may also have come from the added oxygen.
Suppose that in one such experiment the combustion of 18.8 g of glucose produced 27.6 g of

Figure 3.5 Schematic of a combustion
analysis apparatus. CO, and H,O
produced in combustion are trapped
and weighed. The amounts of these
products are used to determine how
much carbon and hydrogen the
combusted sample contained.

(CuO is used to ensure complete
combustion of all carbon to CO..)

~

ﬁ t
B, — % Q J
\

CO,
absorber

H,0
absorber

Furnace
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CO, and 11.3 g of H,O. We can calculate the mass of carbon and hydrogen in the original 18.8-g
sample of glucose as follows:
1 mol€O; 1 metC 12.01gC
X X =753¢gC
4401 g€6; 1 mol€O, 1metC
1 moH1;0 « 2 metH 9 1.008 g H
18.022H0 1 meHH0 1 metH

mass of C = 27.6 2€0; X

mass of H=11.3 gH;0 x

=126gH

Thus, 18.8 g of glucose contains 7.53 g of carbon and 1.26 g of hydrogen. The remaining mass
[18.8 g — (7.53 g + 1.26 g) = 10.0 g] is oxygen.
The number of moles of each element present in 18.8 g of glucose is

les of C = 7.53 g€ x ~ 1€ _ 6627 mol
m = /. . ~=0 m
oes o 1201 g€ ©
1 mol H
moles of H = 1.26 g H x 100 my = 125 mol H
Student data indicate you may struggle

with combustion analysis. Access the eBook 1 mol O

to view additional Learning R les of O = 10. ——=10.62 1

tsi;nteov;iz itional Learning Resources on moles of O 0.0 g/ﬁ X 16.00 g/ﬁ 0.626 mol O

The empirical formula of glucose can therefore be written C g,7H; 2500 .2¢- Because the numbers
Student Note: Determination of an in an empirical formula must be integers, we divide each of the subscripts by the smallest sub-
empirica,fom'ma from combustion script, 0.626(0.627/0.626 ~ 1, 1.25/0.626 =~ 2, and 0.626/0.626 = 1), and obtain CH,O for the

data can be especially sensitive to empirical formula.
rounding error. When solving problems
such as these, don’t round until the

very end. Determination of Molecular Formula

The empirical formula gives only the ratio of combination of the atoms in a molecule, so there may
be numerous compounds with the same empirical formula. If we know the approximate molar mass
of the compound, though, we can determine the molecular formula from the empirical formula.
For instance, the molar mass of glucose is about 180 g. The empirical-formula mass of CH,O
is about 30 g [12.01 g + 2(1.008 g) + 16.00 g]. To determine the molecular formula, we first
divide the molar mass by the empirical-formula mass: 180 g/30 g = 6. This tells us that there are
six empirical-formula units per molecule in glucose. Multiplying each subscript by 6 (recall that
when none is shown, the subscript is understood to be a 1) gives the molecular formula, C¢H;,Og.

Sample Problem 3.9 shows how to determine the molecular formula of a compound from
Glucose its combustion data and molar mass.

SAMPLE PROBLEM

Combustion of a 5.50-g sample of benzene produces 18.59 g CO, and 3.81 g H,O. Determine the empirical \
formula and the molecular formula of benzene, given that its molar mass is approximately 78 g/mol.

Strategy From the product masses, determine the mass of C and the mass of H in the 5.50-g sample of ben- \ \
zene. Sum the masses of C and H; the difference between this sum and the original sample mass is the mass
of O in the sample (if O is in fact present in benzene). Convert the mass of each element to moles, and use
the results as subscripts in a chemical formula. Convert the subscripts to whole numbers by dividing each by
the smallest subscript. This gives the empirical formula. To calculate the molecular formula, first divide the
molar mass given in the problem statement by the empirical-formula mass. Then, multiply the subscripts in the
empirical formula by the resulting number to obtain the subscripts in the molecular formula.

Setup The necessary molar masses are CO,, 44.01 g/mol; H,O, 18.02 g/mol; C, 12.01 g/mol;
H, 1.008 g/mol; and O, 16.00 g/mol.

W

Benzene
Solution We calculate the mass of carbon and the mass of hydrogen in the products (and therefore in the

original 5.50-g sample) as follows:
1 mel-€6; 1 mel€ 1201 gC
X X
4401 g€O; 1mol€0;, 1melC
1 meHH;O 2 melH 1.008 g H
X X
18.02gH;0 1 moHHO 1 metH

mass of C = 18.59 g €O; X =5.073¢gC

mass of H = 3.81 g H;0 x =0426gH
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The total mass of products is 5.073 g + 0.426 g = 5.499. Because the combined masses of C and H account for the entire mass of the
original sample (5.499 g = 5.50 g), this compound must not contain O.
Converting mass to moles for each element present in the compound,

les of C = 5.073 2€ x 2 _ 6 4224 mol C
moles of C = 5.073 g€ 12.01 = O mo
1 mol H
les of H = 0.426 g H X ————— = 0.423 mol H
moles O 1008g/H mo.

gives the formula Cg4,4Hy 403. Converting the subscripts to whole numbers (0.4224/0.4224 = 1; 0.423/0.4224 =~ 1) gives the empirical formula, CH.
Finally, dividing the approximate molar mass (78 g/mol) by the empirical-formula mass (12.01 g/mol + 1.008 g/mol = 13.02 g/mol)
gives 78/13.02 ~ 6. Then, multiplying both subscripts in the empirical formula by 6 gives the molecular formula, C¢Hg.

THINK ABOUT IT

Use the molecular formula to determine the molar mass and make sure that the result agrees with the molar mass given in the problem.
For CgHg, the molar mass is 6(12.01 g/mol) + 6(1.008 g/mol) = 7811 g/mol, which agrees with the 78 g/mol given in the problem statement.

Practice Problem QTTEMPT The combustion of a 28.1-g sample of ascorbic acid (vitamin C)
produces 42.1 g CO, and 11.5 g H,0. Determine the empirical and molecular formulas of ascorbic

acid. The molar mass of ascorbic acid is approximately 176 g/mol. 5}
Practice Problem GU ILD Determine the mass of CO, and the mass of H,O produced by the ‘ 9
combustion of 1.05 g of a compound with the empirical formula CH,O. a

it (a) contains only carbon and hydrogen and (b) if it contains carbon, hydrogen, and oxygen and has a
molar mass of approximately 60 g/mol. (¢c) Explain how combustion analysis of two different
compounds can produce the same products in the same amounts.

Practice Problem GONCEPT UALIZE The models here represent the products of a ’ ';
combustion-analysis experiment. Determine the empirical formula of the compound being analyzed if '

CHECKPOINT — SECTION 3.5 Combustion Analysis

3.51 What is the empirical formula of a compound containing 3.5.3 Determine the masses of CO, and H,O produced by the
C, H, and O if combustion of 1.23 g of the compound combustion of 0.986 g of a compound with empirical
yields 1.8 g CO, and 0.74 g H,0? formula C;H4O,.

a) CH;0 a) 1.76 g CO,, 0.719 g H,0O
b) C,H;0 b) 0.480 g CO,, 0.081 g H,O
c¢) CHO c) 1.76 g CO,, 1.44 g H,0
d) C,H;0, d) 0.329 g CO,, 0.657 g H,O
e) CH,0O e) 0.657 g CO,, 0.329 g H,0O

3.5.2 What are the empirical and molecular formulas of a 3.5.4 How is it possible for the combined masses of CO, and
hydrocarbon if combustion of 2.10 g of the compound H,0O produced in combustion to be greater than the mass
yields 6.59 g CO, and 2.70 g H,O and its molar mass of the compound that is burned?
is about 70 g/mol? a) There is experimental error.

a) CH, CeHe b) Different balances are used to determine mass before
b) CH, CsHs and after combustion.

¢) CH,, C¢Hy, ¢) Combustion violates the law of conservation of mass.
d) CH,, CsH, d) Oxygen consumed in the combustion contributes to the
¢) CH,, C;H, mass of products.

e) CO, and H,O have greater molar masses than the
compound that is burned.
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Student Note: When reactants are
combined in exactly the mole ratio
specified by the balanced chemical
equation, they are said to be combined
in stoichiometric amounts.

m Calculations with Balanced
Chemical Equations

Often we would like to predict how much of a particular product will form from a given amount
of a reactant. Other times, we perform an experiment, measure the amount of product formed,
and use this information to deduce the quantity or composition of a reactant. Balanced chemical
equations can be powerful tools for this type of problem solving.

Moles of Reactants and Products

Based on the equation for the reaction of carbon monoxide with oxygen to produce carbon dioxide,

@ >
@ %o

2C0(g) + Oi(g) —— 2C0(g)

2 moles of CO combine with 1 mole of O, to produce 2 moles of CO,. In stoichiometric calculations,
we say that 2 moles of CO are equivalent to 2 moles of CO,, which can be represented as

2 mol CO = 2 mol CO,

where the symbol = means “is stoichiometrically equivalent to” or simply “is equivalent to.”
The ratio of moles of CO consumed to moles of CO, produced is 2:2 or 1:1. Regardless of the
number of moles of CO consumed in the reaction, the same number of moles of CO, will be
produced. We can use this constant ratio as a conversion factor that can be written as

2 mol CO or 1 mol CO
2 mol CO, 1 mol CO,

The ratio can also be written as the reciprocal:

2 mol CO, 1 mol CO,
2molco ' 1mol CO

These conversion factors enable us to determine how many moles of CO, will be produced upon
reaction of a given amount of CO, or how much CO is necessary to produce a specific amount
of CO,. Consider the complete reaction of 3.82 moles of CO to form CO,. To calculate the
number of moles of CO, produced, we use the conversion factor with moles of CO, in the
numerator and moles of CO in the denominator.

1 mol CO,

les CO duced = 3.82 molHCO X —————
moles CO, produce 1

= 3.82 mol CO,
Similarly, we can use other ratios represented in the balanced equation as conversion factors.
For example, we have 1 mol O, = 2 mol CO, and 2 mol CO = 1 mol O,. The corresponding
conversion factors allow us to calculate the amount of CO, produced upon reaction of a given
amount of O,, and the amount of one reactant necessary to react completely with a given amount
of the other. Using the preceding example, we can determine the stoichiometric amount of O,
(how many moles of O, are needed to react with 3.82 moles of CO).

les Oy needed = 3.82 mob€O x ~ 22 2L _ 1 9] mol O

moles O, needed = 3. X ———=191mo
? 2 meb€O ’

Sample Problem 3.10 illustrates how to determine reactant and product amounts using a balanced
chemical equation.
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SAMPLE PROBLEM

Urea [(NH,),CO] is a by-product of protein metabolism. This waste product is formed in the liver and then filtered from the blood and excreted
in the urine by the kidneys. Urea can be synthesized in the laboratory by the combination of ammonia and carbon dioxide according to the equation

2NH;(g) + COx(g) —— (NH,),CO(ag) + H,O()

(a) Calculate the amount of urea that will be produced by the complete reaction of 5.25 moles of ammonia. (b) Determine the stoichiometric
amount of carbon dioxide required to react with 5.25 moles of ammonia.

Strategy Use the balanced chemical equation to determine the correct stoichiometric conversion factors, and then multiply by the number of
moles of ammonia given.

Setup According to the balanced chemical equation, the conversion factor for ammonia and urea is either

2 mol NH; 1 mol (NH,),CO
1mol (NH,),CO *' 2 mol NH,

To multiply by moles of NH; and have the units cancel properly, we use the conversion factor with moles of NH; in the denominator.
Similarly, the conversion factor for ammonia and carbon dioxide can be written as

2 mol NH, 1 mol CO,
1molco, * 2mol NH,

Again, we select the conversion factor with ammonia in the denominator so that moles of NH; will cancel in the calculation.

Solution
1 mol (NH2)2CO
(a) moles (NH,),CO produced = 5.25 molINH3 X 2—3 = 2.63 mol (NH,),CO
. 1 mol CO,
(b) moles CO, required = 5.25 meoHNH; X 273 = 2.63 mol CO,

THINK ABOUT IT

As always, check to be sure that units cancel properly in the calculation. Also, the balanced equation indicates that there will be fewer
moles of urea produced than ammonia consumed. Therefore, your calculated number of moles of urea (2.63) should be smaller than
the number of moles given in the problem (5.25). Similarly, the stoichiometric coefficients in the balanced equation are the same for
carbon dioxide and urea, so your answers to this problem should also be the same for both species.

Practice Problem GTTEM PT Nitrogen and hydrogen react to form ammonia according to the following balanced equation:
N,(g) + 3H,(g) —— 2NHj;(g). Calculate the number of moles of hydrogen required to react with 0.0880 mole of nitrogen, and the
number of moles of ammonia that will form.

Practice Problem GUILD Tetraphosphorus decoxide (P4O,,) reacts with water to produce phosphoric acid. Write and balance the
equation for this reaction, and determine the number of moles of each reactant required to produce 5.80 moles of phosphoric acid.

Practice Problem GONCEPTUALIZE The models represent )

the reaction of nitric acid with tin metal to form metastannic acid . q )

(H,SnO3), water, and nitrogen dioxide. Determine how many moles ) + - \ + + o
of nitric acid must react to produce 8.75 mol H,SnO;. (Don’t forget '

to balance the equation.)
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Mass of Reactants and Products

Balanced chemical equations give us the relative amounts of reactants and products in terms of
moles. However, because we measure reactants and products in the laboratory by weighing them,
most often such calculations start with mass rather than the number of moles. Sample Problem 3.11
illustrates how to determine amounts of reactants and products in terms of grams.

SAMPLE PROBLEM

Nitrous oxide (N,O), also known as “laughing gas,” is commonly used as an anesthetic in dentistry. It is manufactured by heating ammonium
nitrate. The balanced equation is

A
NH,NO;(s) —— N,O(g) + 2H,0(g)

(a) Calculate the mass of ammonium nitrate that must be heated in order to produce 10.0 g of nitrous oxide. (b) Determine the corresponding
mass of water produced in the reaction.

Strategy For part (a), use the molar mass of nitrous oxide to convert the given mass of nitrous oxide to moles, use the appropriate stoichio-
metric conversion factor to convert to moles of ammonium nitrate, and then use the molar mass of ammonium nitrate to convert to grams of
ammonium nitrate. For part (b), use the molar mass of nitrous oxide to convert the given mass of nitrous oxide to moles, use the stoichiometric
conversion factor to convert from moles of nitrous oxide to moles of water, and then use the molar mass of water to convert to grams of water.

Setup The molar masses are as follows: 80.05 g/mol for NH4;NO;, 44.02 g/mol for N,O, and 18.02 g/mol for H,O. The conversion factors
from nitrous oxide to ammonium nitrate and from nitrous oxide to water are, respectively:
1 mol NH4NO; d 2 mol H,O
ImolNO ™ TmolN,0

Solution
10.0 w LMOINO s ol N,O
@ 080 X o = 0227 mol N,
1 mol NH4NO3
0.227 mol- N0 x = - 0.227 mol NH,NO;,
0227 mol NH:NO; x 00 eNHiNOs o NHLNO
. 7INU3 X | molNFENO; g 4NO3

Thus, 18.2 g of ammonium nitrate must be heated in order to produce 10.0 g of nitrous oxide.

(b) Starting with the number of moles of nitrous oxide determined in the first step of part (a),

2 mol H,O

0.227 moHNzO X ﬁ = 0.454 mol H,0
18.02 g H,0O

0.454 molHH;0 X = 8.18 g H,O

1 moHEO

Therefore, 8.18 g of water will also be produced in the reaction.

THINK ABOUT IT

Use the law of conservation of mass to check your answers. Make sure that the combined mass of both products is equal to the mass
of reactant you determined in part (a). In this case (rounded to the appropriate number of significant figures), 10.0 g + 818 g = 18.2 g.
Remember that small differences may arise as the result of rounding.

Practice Problem QTTEMPT Calculate the mass of water produced by the metabolism of 56.8 g of glucose. (See the Bringing
Chemistry to Life box in Section 3.3 for the necessary equation.)

Practice Problem GUILD What mass of glucose must be metabolized in order to produce 175 g of water?

Practice Problem GONCEPT UALIZE The models here represent the reaction of

nitrogen dioxide with water to form nitrogen monoxide and nitric acid. What mass of q N

nitrogen dioxide must react for 100.0 g HNO; to be produced? (Don’t forget to balance a + e + N

the equation.)
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CHECKPOINT — SECTION 3.6

Calculations with Balanced Chemical Equations

3.61 How many moles of LiOH will be produced if 0.550 mol Li
reacts according to the following equation?

2Li(s) + 2H,0()) — 2LiOH(aq) + Ha(g) equation:

a) 0.550 mol d) 2.20 mol
b) 1.10 mol e) 2.00 mol a) 5.08 g
¢) 0.275 mol b) 9.03 g
c) 254 ¢

3.6.2 Determine the stoichiometric amount (in grams) of O,
necessary to react with 5.71 g Al according to the following

4Al(s) + 30,(g) — 2AL,05(s)

d) 428 ¢
e) 761 g

Limiting Reactants

When a chemist carries out a reaction, the reactants usually are not present in stoichiometric
amounts. Because the goal of a reaction is usually to produce the maximum quantity of a useful
compound from the starting materials, an excess of one reactant is commonly supplied to ensure
that the more expensive or more important reactant is converted completely to the desired prod-
uct. Consequently, some of the reactant supplied in excess will be left over at the end of the
reaction. The reactant used up first in a reaction is called the limiting reactant, because the
amount of this reactant limits the amount of product that can form. When all the limiting reactant
has been consumed, no more product can be formed. Excess reactants are those present in
quantities greater than necessary to react with the quantity of the limiting reactant.

The concept of a limiting reactant applies to everyday tasks, too, such as making ham
sandwiches. Suppose you want to make the maximum number of ham sandwiches possible, each
of which will consist of two slices of bread and one slice of ham. If you have eight slices of
bread and six slices of ham, how many sandwiches can you make? The answer is four, because
after making four sandwiches you will be out of bread. You will have two slices of ham left
over, but without additional bread you will be unable to make any more sandwiches. In this
case, bread is the limiting reactant and ham is the excess reactant.

Determining the Limiting Reactant

In problems involving limiting reactants, the first step is to determine which is the limiting
reactant. After the limiting reactant has been identified, the rest of the problem can be solved
using the approach outlined in Section 3.6. Consider the formation of methanol (CH;0OH) from
carbon monoxide and hydrogen:

CO(g) + 2H,(g) —— CH;0H()

Suppose that initially we have 5 moles of CO and 8 moles of H,, the ratio shown in Figure 3.6(a).
We can use the stoichiometric conversion factors to determine how many moles of H, are

necessary for all the CO to react. From the balanced equation, we have 1 mol CO = 2 mol H,.

Therefore, the amount of H, necessary to react with 5 mol CO is

2mol Hy

1 mel-€O

b ©
Q_’a.

moles of H, = 5 mol-€O X

0’ a
J‘*‘

®,9

= 10 mol H,

2

Student Note: Limiting reactants and
excess reactants are also referred to as
limiting reagents and excess reagents.

>
Animation

Limiting reagent in reaction
of NO and O,.

Figure 3.6 The reaction of (a) H, and
CO to form (b) CH3OH. Each molecule
represents 1 mol of substance. In this
case, H, is the limiting reactant and
there is 1 mol of CO remaining when
the reaction is complete.
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Because there are only 8 moles of H, available, there is insufficient H, to react with all the CO.
Therefore, H, is the limiting reactant and CO is the excess reactant. H, will be used up first,
and when it is gone, the formation of methanol will cease and there will be some CO left over,
as shown in Figure 3.6(b). To determine how much CO will be left over when the reaction is
complete, we must first calculate the amount of CO that will react with all 8 moles of H,:

1 mol CO

les of CO = 8 motH; X —————
moles o 2 X5 _

= 4 mol CO

Thus, there will be 4 moles of CO consumed and 1 mole (5 mol — 4 mol) left over. Sample
Problem 3.12 illustrates how to combine the concept of a limiting reactant with the conversion
between mass and moles. Figure 3.7 illustrates the steps for this type of calculation.

SAMPLE PROBLEM

Alka-Seltzer tablets contain aspirin, sodium bicarbonate, and citric acid. When they come into contact with water,
the sodium bicarbonate (NaHCO3) and citric acid (H;C4Hs0O;) react to form carbon dioxide gas, among other products.

3NaHCO3(aq) + H3C6H507(aq) — 3CO2(g) + 3H20(l) + Na3C6H507(aq)

The formation of CO, causes the trademark fizzing when the tablets are dropped into a glass of water. An
Alka-Seltzer tablet contains 1.700 g of sodium bicarbonate and 1.000 g of citric acid. Determine, for a single
tablet dissolved in water, (a) which ingredient is the limiting reactant, (b) what mass of the excess reactant is
left over when the reaction is complete, and (c) what mass of CO, forms.

Strategy Convert each of the reactant masses to moles. Use the balanced equation to write the necessary
stoichiometric conversion factor and determine which reactant is limiting. Again, using the balanced equation,
write the stoichiometric conversion factors to determine the number of moles of excess reactant remaining
and the number of moles of CO, produced. Finally, use the appropriate molar masses to convert moles of
excess reactant and moles of CO, to grams.

Setup The required molar masses are 84.01 g/mol for NaHCOs, 192.12 g/mol for H,CgHsOy, and 44.01 g/mol TN reaction of sodium -
for CO,. From the balanced equation we have 3 mol NaHCO; = 1 mol H;C¢Hs05, 3 mol NaHCO; = 3 mol CO,, bicarbonate and citric acid
and 1 mol HyC¢Hs0; = 3 mol CO,. The necessary stoichiometric conversion factors are therefore: produces Alka-Seltzer’s

effervescence.
S gl N0y L m) [ECE 505 2 mall €0y 2 mall C0) ©McGraw-Hill Education/Charles D.

1 mol H3C6H507 3 mol NaHCO3 3 mol NaHCO3 1 mol H3C6H507 Winters, photographer

Solution

1 mol NaHCO;

1.700 g NaHEO3 x = 0.02024 mol NaHCO;

84.01 g NaHEO;
1,000 g HoCehtz0; x —MOHCHO0r ) 536505 mol HiCeH:0
. X = U.
S5 % 192,12 ¢ HyCaHsO5 s

(a) To determine which reactant is limiting, calculate the amount of citric acid necessary to react completely with 0.02024 mol sodium bicarbonate.

1 mol H3C6H507

0.02024 mol NaHEO; X — o>
? 7 3 mol NaHEO;

= 0.006745 mol H;C¢Hs0;

The amount of H3C¢Hs0; required to react with 0.02024 mol of NaHCOj; is more than a tablet contains. Therefore, citric acid is the limiting
reactant and sodium bicarbonate is the excess reactant.

(b) To determine the mass of excess reactant (NaHCO;) left over, first calculate the amount of NaHCO; that will react:
3 mol NaHCO;
1 mol H;CsH507
Thus, 0.01562 mol of NaHCO; will be consumed, leaving 0.00462 mol unreacted. Convert the unreacted amount to grams as follows:

84.01 g NaHCO,
1 mol NaHEO;

0.005205 mol H;€Hs07 x = 0.01562 mol NaHCO;

0.00462 mol NaH€O; x = 0.388 g NaHCO;

(c) To determine the mass of CO, produced, first calculate the number of moles of CO, produced from the number of moles of limiting reactant

(H3C¢H507) consumed:
3 mol CO,

0.005205 mol H;€aHz07 x ————————
1 molH;E6H507

= 0.01562 mol CO,
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Convert this amount to grams as follows:

44.01 g CO,

0.01562 mo€O; X —————
7 1 mol€0;

= 0.6874 g CO,
To summarize the results: (a) citric acid is the limiting reactant, (b) 0.388 g sodium bicarbonate remains unreacted, and (c) 0.6874 g carbon
dioxide is produced.

THINK ABOUT IT

In a problem such as this, it is a good idea to check your work by calculating the amounts of the other products in the reaction.
According to the law of conservation of mass, the combined starting mass of the two reactants (1.700 g + 1.000 g = 2.700 g) should
equal the sum of the masses of products and leftover excess reactant. In this case, the masses of H,O and Na;CgHsO; produced are
0.2815 g and 1.343 g, respectively. The mass of CO, produced is 0.6874 g [from part (c)] and the amount of excess NaHCO; is 0.388 g
[from part (b)]. The total, 0.2815 g + 1.343 g + 0.6874 g + 0.388 g, is 2.700 g, identical to the total mass of the reactants.

Practice Problem QTTEM PT Ammonia is produced by the reaction of nitrogen and hydrogen according to the equation,
N,(g) + 3H,(g) —— 2NHj;(g). Calculate the mass of ammonia produced when 35.0 g of nitrogen react with 12.5 g of hydrogen.
Which is the excess reactant and how much of it will be left over when the reaction is complete?

Practice Problem GUILD Potassium hydroxide and phosphoric acid react to form potassium phosphate and water according to the
equation: 3KOH(aq) + H3PO,(ag) —— K3PO4(aq) + 3H,0(/). Determine the starting mass of each reactant if 55.7 g K;PO, is produced
and 89.8 g H;PO, remains unreacted.

Practice Problem GONCEPTUALIZE The diagrams show a reaction mixture before and after a chemical reaction. Write the balanced
equation for the reaction, using the smallest possible whole numbers, and identify the limiting reactant.

Oi} ) @ <
n Y- 2 9.
a 3 VN

before after

Reaction Yield

When you use stoichiometry to calculate the amount of product formed in a reaction, you are
calculating the theoretical yield of the reaction. The theoretical yield is the amount of product
that forms when all the limiting reactant reacts to form the desired product. It is the maximum
obtainable yield, predicted by the balanced equation. In practice, the actual yield—the amount
of product actually obtained from a reaction—is almost always less than the theoretical yield.
There are many reasons for the difference between the actual and theoretical yields. For
instance, some of the reactants may not react to form the desired product. They may react to
form different products, in something known as side reactions, or they may simply remain
unreacted. In addition, it may be difficult to isolate and recover all the product at the end of
the reaction. Chemists often determine the efficiency of a chemical reaction by calculating its
percent yield, which tells what percentage the actual yield is of the theoretical yield. 1t is
calculated as follows:

) actual yield .
% yield= ——— x 100% Equation 3.2
theoretical yield

Percent yields may range from a tiny fraction to 100 percent. (They cannot exceed 100 percent.)
Chemists try to maximize percent yield in a variety of ways. Factors that can affect percent
yield, including temperature and pressure, are discussed in Chapter 15. Sample Problem 3.13
shows how to calculate the percent yield of a pharmaceutical manufacturing process.



Limiting Reactant Problems

84.06 g N,

Determine what mass of NH3 forms
28.02 g/mol

when 84.06 g N, and 22.18 g H, react
according to the equation:

= 3.000 mol N,

22.18 gHy
2.016 g/mol

= 11.00 mol Hp

N, + 3H —— 2NHj

Total mass before reaction:

84.06gN, + 22.18gH, = 106.24 g

Compare the total mass after
the reaction with the total mass

Y after reaction = 102.2gNH3 + 4.03gH, = 1062 ¢
between the masses before and after is

before the reaction. The small difference
due to rounding.

Add the mass of the product and the mass of leftover
excess reactant to get the total mass after reaction.
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2 mol NHj3

= 6.000 mol NHj3
Method 1

2 mol NH3

11.00 meH,; x S 12"~ 23
2% T3 mot;

= 7.333 mol NHj3

3.000N, + 9.000H, —— 6.000 NH;

Method 2

3.667N, + 11.00H, —— 7.333NH;

17.03 g NH;
6.000 x 283 _ 1002 ¢ NH
WokNH; X molNH, &3

N, was the limiting
reactant. Calculate how
much Hj is left over.

11.00 mol initially
—9.00 mol consumed
2.00 mol Hj remaining

2.016 g Hy
2.00 X ———=—>=403gH
_ et 1 motH; g

Convert to grams.

What’s the point?

There is more than one correct method for solving many types

of problems. This limiting reactant problem shows two different

routes to the correct answer, and shows how the result can be
(See Visualizing Chemistry questions compared to the information given in the problem to determine
VC 31-VC 3.4 on page 122.) whether or not it is reasonable and correct.

109
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SAMPLE PROBLEM

Emergency oxygen supplies aboard aircraft often are generated by the decomposition of sodium chlorate (NaClOs3).
2NaClO;(s) —— 2NaCl(s) + 30,(g)
Determine the percent yield if the decomposition of 75.0 g sodium chlorate generates 29.45 g oxygen.

Strategy Convert grams sodium chlorate to moles and use the balanced equation to determine how many moles of oxygen can be produced.
Convert moles oxygen to grams. This is the theoretical yield of oxygen. Compare the actual yield (given in the problem) to the theoretical to
determine percent yield.

Setup The necessary molar masses are 106.44 g/mol for NaClO; and 32.00 g/mol for O,.

Solution
75.0 g NaCl0; x —mANICOs 2016 ol NaclO,
106.44 ¢ Naclo;
07046 mol Na€10; x — 1992 _ | 657 mo1 0,
2 mol Na€lo;
1,057 mot0s x ~22089% _ 33000,
1 mel©,

% yield = Hbe X 100% = 87.1% yield

B3 g

THINK ABOUT IT

Make sure you have used the correct molar masses and remember that percent yield can never exceed 100 percent.

Practice Problem GTTEM PT Diethyl ether is produced from ethanol according to the following equation:
2CH;3CH,0H(l) —— CH;3CH,0CH,CHj;()) + H,O(0)
Calculate the percent yield if 68.6 g of ethanol reacts to produce 16.1 g of ether.

Practice Problem GUILD What mass of ether will be produced if 221 g of ethanol ") % 8 e‘
reacts with a 68.9 percent yield? Q

— @
Practice Problem GONCEPTUALIZE Consider the reaction pictured, where each 0 @ a 9 d
red sphere represents an oxygen atom and each yellow sphere represents a sulfur atom. Write “ @
the balanced equation and identify the limiting reactant. ’ 0 <@

SAMPLE PROBLEM

Aspirin, acetylsalicylic acid (CoHgOy,), is the most commonly used pain reliever in the world. It is produced by the reaction of salicylic acid
(C;HgO3) and acetic anhydride (C4HgOs) according to the following equation:

85* v

salicylic acid acetic anhydride acetylsalicylic acid acetic acid

In a certain aspirin synthesis, 104.8 g of salicylic acid and 110.9 g of acetic anhydride are combined. Calculate the percent yield of the
reaction if 105.6 g of aspirin are produced.

Strategy Convert reactant grams to moles, and determine which is the limiting reactant. Use the balanced equation to determine the number
of moles of aspirin that can be produced, and convert this number of moles to grams for the theoretical yield. Use the actual yield (given in
the problem) and the calculated theoretical yield to calculate the percent yield.

Setup The necessary molar masses are 138.12 g/mol for salicylic acid, 102.09 g/mol for acetic anhydride, and 180.15 g/mol for aspirin.
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Solution
104.8 XM—OESS 1 C;HcO
-8 g GHO;3 138.12g,Q7HgO§_' mol C7H603
1 1'1'101 C4H603
110.9 g G Hz03 % = 1.086 mol C4;H¢O5

102.09 g CHz03

Because the two reactants combine in a 1:1 mole ratio, the reactant present in the smallest number of moles (in this case, salicylic acid) is the
limiting reactant. According to the balanced equation, one mole of aspirin is produced for every mole of salicylic acid consumed.

1 mol salicylic acid (C;HgO3) = 1 mol aspirin (CoHgO,)
Therefore, the theoretical yield of aspirin is 0.7588 mol. We convert this to grams using the molar mass of aspirin:
180.15 g CoHgO,
I mol€sH0;
Thus, the theoretical yield is 136.7 g. If the actual yield is 105.6 g, the percent yield is

0.7588 mol-CHgzO4 X = 136.7 g CoHgO,

o vield 1056 g
oY= 1367 ¢

X 100% = 77.25% yield

THINK ABOUT IT

When there are two or more reactants, start by identifying the /imiting reactant.

111

Practice Problem QTT EMPT Determine the percent yield starting material recovered products
if 175 g salicylic acid and 125 g acetic anhydride react to produce

157.6 g aspirin. _ J \
Practice Problem QU ILD What mass of aspirin will be w ﬁ ‘) <

produced if 75.5 g salicylic acid and 58.0 g acetic anhydride

react with a 59.4 percent yield? a l | ;

Practice Problem GONCEPT UALIZE The diagrams
show a mixture of reactants and the mixture of recovered products A Q
for an experiment using the chemical reaction introduced in " ‘Z) ‘ 9’
Practice Problem 3.12C. Identify the limiting reactant and

determine the percent yield of carbon dioxide.

Types of Chemical Reactions

As you continue to study chemistry, you will encounter a wide variety of chemical reactions. The
sheer number of different reactions can seem daunting at times, but most of them fall into a relatively
small number of categories. Becoming familiar with several reaction types and learning to recognize
patterns of reactivity will help you make sense out of the reactions in this book. Three of the most
commonly encountered reaction types are combination, decomposition, and combustion.

Combination. A reaction in which two or more reactants combine to form a single product
is known as a combination reaction. Examples include the reaction of ammonia and
hydrogen chloride to form ammonium chloride,

NH;(g) + HCl(g) —— NH,Cl(s)

and the reaction of nitrogen and hydrogen gases to form ammonia,

\\‘\ \k)

- »,
~
Ny(g) + 3Ha(g) —— 2NH;(g)
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Decomposition. A reaction in which two or more products form from a single reactant is
known as a decomposition reaction. A decomposition reaction is essentially the opposite
of a combination reaction. Examples of this type of reaction include the decomposition of
calcium carbonate to produce calcium oxide and carbon dioxide gas,

CaCO4(s) —2~ CaO(s) + COx(g)

and the decomposition of hydrogen peroxide to produce water and oxygen gas,

2H,0,(ag) —— 2H,O() + O(g)

Combustion. As you learned in Section 3.3, a combustion reaction is one in which a
substance burns in the presence of oxygen. Combustion of a compound that contains C
and H (or C, H, and O) produces carbon dioxide gas and water. By convention, we consider
the water produced in a combustion reaction to be liquid water. Examples of this type of
combustion are the combustion of formaldehyde,

CH,O()) + Oy(8) —— COx(g) + H,0())

and the combustion of methane,

u\ + O —— a + ‘
CHy(g) + 20,(g) — CO,(g) + 2H,0()

Although these combustion reactions are shown here as balanced equations, oxygen
is generally supplied in excess in such processes to ensure complete combustion.

SAMPLE PROBLEM

Determine whether each of the following equations represents a combination reaction, a decomposition reaction, or a combustion reaction:
(a) Hy(g) + Bry(g) —— 2HB1(g), (b) 2HCO,H(!) + O,(g) — 2COyx(g) + 2H,0(0), (c) 2KClO5(s) — 2KClI(s) + 30,(g).

Strategy Look at the reactants and products in each balanced equation to see if two or more reactants combine into one product (a combina-
tion reaction), if one reactant splits into two or more products (a decomposition reaction), or if the main products formed are carbon dioxide
gas and water (a combustion reaction).

Setup The equation in part (a) depicts two reactants and one product. The equation in part (b) represents a combination with O, of a com-
pound containing C, H, and O to produce CO, and H,O. The equation in part (c) represents two products being formed from a single reactant.

Solution These equations represent (a) a combination reaction, (b) a combustion reaction, and (c) a decomposition reaction.

THINK ABOUT IT

Make sure that a reaction identified as a combination has only one product [as in part (a)], a reaction identified as a decomposition has
only one reactant [as in part (b)], and a reaction identified as a combustion produces only CO, and H,O [as in part (c)].

Practice Problem QTTEM PT Identify each of the following as a combination, decomposition, or combustion reaction:
(a) C;H,04(1) + 20,(g) —— 2CO0x(g) + 2H,0(0), (b) 2Na(s) + Cl,(g) —— 2NaCl(s), (c) 2NaH(s) — 2Na(s) + Hy(g).

Practice Problem GU ILD Using the chemical species A,, B, and AB, write a balanced equation for a combination reaction.
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Practice Problem GONCEPT UALIZE Each of the diagrams represents a reaction mixture before and after a chemical reaction.
Identify each of the reactions shown as combination, decomposition, or combustion.

)

before after before after

() (i)

CHECKPOINT — SECTION 3.7 Limiting Reactants

3.71  What mass of CaSO, is produced according to the given 2A + B —— C. What is the limiting reactant in the
equation when 5.00 g of each reactant are combined? reaction vessel shown?
CaFy(s) + H,SO,(aq) — CaSO,(s) + 2HF(g) o o P Q
a) 100 g d) 872 ¢g
o e 0
b) 116 ¢g e) 502 ¢ Y
c) 694 ¢ Qo
o 00O
3.7.2 What is the percent yield for a process in which 10.4 g
CH;0H reacts and 10.1 g CO, forms according to the a) A
following equation? b) B
2CH;0H()) + 30,(g) — 2COy(g) + 4H,0() ¢ C
a) 97.1% d) 103% d) None. Reactants are present in stoichiometric amounts.
b) 70.7% e) 37.9% 376 Which of the following represents the contents of the reaction
c) 52.1% vessel in Checkpoint 3.7.5 after the reaction is complete?
3.7.3 How many moles of NH; can be produced by the ) ® [*]
combination of 3.0 mol N, and 1.5 mol H,? ° (") ° o °
a) 2.0 mol d) 6.0 mol o @]
(] o ®
b) 1.5 mol e) 1.0 mol o
® °
¢) 0.50 mol o ®
[
3.74 What mass of water is produced by the reaction of 50.0 g a) L ® d)

CH;0H with an excess of O, when the yield is 53.2 percent?

2CH;0H(g) + 30 — 2CO + 4H,0(/ ® ® ®
;OH(g) 2(8) 2(8) 200D °® ® ° °
a) 28.1¢g d) 150¢ o °
b) 562 ¢ ¢) 266 ¢ ° ® ° ® ®
c) 299 ¢ & o
. ° ° ° °
3.7.5 Reactants A (red) and B (blue) combine to form a b) e)

single product C (purple) according to the equation

o o

o
o (]

c)
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Chapter Summary

Section 31

Molecular mass is calculated by summing the masses of all atoms in
a molecule. Molecular weight is another term for molecular mass.

For ionic compounds, we use the analogous terms formula mass and

Jormula weight.

Molecular masses, molecular weights, formula masses, and formula
weights are expressed in atomic mass units (amu).

Section 3.2

Molecular or formula mass can be used to determine percent
composition by mass of a compound.

Section 3.3

A chemical equation is a written representation of a chemical reaction
or a physical process. Chemical species on the left side of the equation
are called reactants, whereas those on the right side of the equation
are called products.

The physical state of each reactant and product is specified in
parentheses as (s), (1), (g), or (aq) for solid, liquid, gas, and aqueous
(dissolved in water), respectively.

Chemical equations are balanced only by changing the stoichiometric
coefficients of the reactants and/or products, and never by changing
the formulas of the reactants and/or products (i.e., by changing their
subscripted numbers).

Combustion refers to chemical combination with oxygen. Combustion
of hydrocarbons produces carbon dioxide and water.

Section 3.4

A mole is the amount of a substance that contains 6.022 x 10%
[Avogadro’s number (N,)] of elementary particles (atoms, molecules,
ions, formula units, etc.).

Molar mass (/) is the mass of one mole of a substance, usually
expressed in grams. The molar mass of a substance in grams is
numerically equal to the atomic, molecular, or formula mass of the
substance in amu.

Molar mass and Avogadro’s number can be used to interconvert
among mass, moles, and number of particles (atoms, molecules,
ions, formula units, etc.).

Section 3.5

Combustion analysis is used to determine the empirical formula of a
compound. The empirical formula can be used to calculate percent
composition.

The empirical formula and molar mass can be used to determine the
molecular formula.

Section 3.6

A balanced chemical equation can be used to determine how much
product will form from given amounts of reactants, how much of one
reactant is necessary to react with a given amount of another, or how
much reactant is required to produce a specified amount of product.
Reactants that are combined in exactly the ratio specified by the
balanced equation are said to be “combined in stoichiometric
amounts.”

Section 3.7

The limiting reactant is the reactant that is consumed completely
in a chemical reaction. An excess reactant is the reactant that is not
consumed completely. The maximum amount of product that can
form depends on the amount of limiting reactant.

The theoretical yield of a reaction is the amount of product that will
form if all the limiting reactant is consumed by the desired reaction.

The actual yield is the amount of product actually recovered.

Percent yield [(actual/theoretical) X 100%] is a measure of the
efficiency of a chemical reaction.

Combustion (in which a substance burns in the presence of oxygen),
combination (in which two or more reactants combine to form a
single product), and decomposition (in which a reactant splits apart to
form two or more products) are three types of chemical reactions that
are commonly encountered.
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Key Equations

3.1 percent by mass of an element =

n X atomic mass of element

X 100%
molecular or formula mass of compound ‘

. actual yield
3.2 % yield = X 100%

theoretical yield

Using a compound’s formula (molecular or empirical), we can
calculate its percent composition by mass.

The amount of product actually produced in a reaction will nearly
always be less than that predicted by the balanced equation. We use
the actual (measured) amount of product and the calculated amount
of product to determine the percent yield of a reaction.

Section 3.4 Avogadro’s number 6.022 x 10

Avogadro’s number is the number of elementary entities (atoms,
molecules, formula units) in a mole. It is generally considered to have
units of mol™', and is used in conversions between moles and atoms,
moles and molecules, or moles and formula units.




Limiting Reactant

The amount of product that can be produced in a chemical reaction typically is limited by the amount of one of the reactants—
known as the limiting reactant. The practice of identifying the limiting reactant, calculating the maximum possible amount of
product, and determining the percent yield and remaining amount of an excess reactant requires several skills:

 Balancing chemical equations [l4¢ Section 3.3]
¢ Determining molar mass [l4¢ Section 3.4]
« Converting between mass and moles [l44 Section 3.4]

« Using stoichiometric conversion factors [l4¢ Section 3.6]

Consider the following example. Hydrazine (N,H,) reacts with dinitrogen tetroxide (N,O,4) to form nitrogen monoxide (NO) and water.
Determine the mass of NO that can be produced when 10.45 g of N,H, and 53.68 g of N,O, are combined. The unbalanced equation is

N2H4 aF N204 — NO + H20
We first balance the equation.
N2H4 ar 2N204 - 6NO aF 2H20

Next, we determine the necessary molar masses.

32052 | N,0,:2(14.01) + 4(16.00) = | 22928 | NO: 14.01 + 1600 = | 29018

N,oHy: 2(14.01) + 4(1.008) =
mol mol mol

We convert the reactant masses given in the problem to moles. Then we determine the mole amount of NO that could be produced
from the mole amount of each reactant by multiplying each of the reactant mole amounts by the appropriate stoichiometric
conversion factor, which we derive from the balanced equation. According to the balanced equation:

1 mol N,H, = 6 mol NO and 2 mol N,O, = 6 mol NO

L N L N
M = >0.32605 mol NoHy 0.32605 mol NoH, | x M = 1.9563 mol NO
32.05 g/mol | V| 1 mol NoH, | M
/ / / J /
L N L N
M = >0.58335 mol N,Oy4 0.58335 mol N,O4 | X M = 1.7501 mol NO
92.02 g/mol 4 2 mol N,Oy 4
Y 4 Y 4 Y . Y 4

The reactant that produces the smaller amount of product is the limiting reactant; in this case, NyOy.

We continue the problem using the mole amount of NO produced by reaction of the given amount of N,O4. To convert from moles
to mass (grams), we multiply the number of moles NO by the molar mass of NO:

30.01 g ——N
mol V]

—

1.7501 mol NO X 52.52 g NO

Thus, 52.52 g NO can be produced by the reaction. Note that we retained an extra significant figure until the end of the calculation.
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To determine the mass of remaining excess reactant, we must first determine what amount was consumed in the reaction. To do
this, we multiply the mole amount of limiting reactant (N,O,) by the appropriate stoichiometric conversion factor. According to the

balanced equation:

1 mol N2H4 = 2 mol N204

0.58335 mol N,O4 | x

1 mol N2H4
2 mol N,Oy4
/

L N
= >0.29168 mol N,H,
R

This is the amount of N,H, consumed. The amount remaining is the difference between this and the original amount. We convert the

remaining mole amount to grams using the molar mass of N,H,.

/

032605 mol NoH, | — | 0.29168 mol NoH, [ = >0.03437 mol N,H,
y. y.
0.03437 mol NoEgll x |F 22922 s \W 1) - N,
mol V]

/

Thus, 1.102 g N,H, remain when the reaction is complete.

We can check our work in a problem such as this by also calculating the mass of the other product: in this case, water. The mass of
all products plus the mass of any remaining reactant must equal the sum of starting reactant masses.

Key Skills Problems

3.1
Calculate the mass of water produced in the example.

(a)21.02 g (b) 10.51 g (c) 11.61 g(d) 11.75 g (e) 5.400 g
Use the following information to answer questions 3.2, 3.3, and 3.4.

Calcium phosphide (Ca;P,) and water react to form calcium
hydroxide and phosphine (PH3). In a particular experiment,
225.0 g CasP, and 125.0 g water are combined.

CasPy(s) + H,O(l) —— Ca(OH)1(ag) + PH;(g)

(Don’t forget to balance the equation.)

32
How much PHj; can be produced?

(a) 350.0 g (b) 235.0 g (c) 78.59 g (d) 83.96 g (e) 41.98 g
33

How much Ca(OH), can be produced?

(a)91.51 g(b)274.5g(c)513.8 g(d) 85.63 g (e) 257.0 g
34

How much of the excess reactant remains when the reaction is
complete?

(a) 14.37 g (b) 235.0 g (c) 78.56 g (d) 83.96 g (e) 41.98 g
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Questions and Problems

ﬁ =% Applying What You’ve Learned
e

se==== (Cisplatin [Pt(NH;),Cl,] is sometimes called the penicillin of cancer drugs because it is effective in the treatment of so
many different cancers. It is prepared by the reaction of ammonium tetrachloroplatinate(I) with ammonia (note that the
equation is not balanced):

+ 2- + ‘ +

o ) o .

(NH,),PtCly(aq) + NHi(ag) —— Pt(NH;),Cly(s) + NH,Cl(ag)

This is a very expensive process because (NH,),PtCl, contains platinum, a precious metal that historically has sold for roughly twice
the price of gold. Using a large excess of ammonia helps manufacturers maximize conversion of the high-priced reactant to the
desired product. (a) Determine the molecular mass and percent composition by mass for ammonium tetrachloroplatinate(Il) and
for cisplatin [« Sample Problems 3.1 and 3.2]. (b) Balance the equation for the production of cisplatin from ammonium
tetrachloroplatinate(Il) and ammonia [l4¢ Sample Problem 3.3]. (c) Determine the number of each type of atom in 50.00 g of cisplatin
[l4¢ Sample Problem 3.7]. (d) In a particular process, 172.5 g (NH,4),PtCl, is combined with an excess of NH;3. Assuming all the limiting
reactant is converted to product, how many grams of Pt(NH;),Cl, will be produced [l4¢ Sample Problem 3.11]? (e) If the actual amount
of Pt(NH3),Cl, produced in part (d) is 129.6 g, what is the percent yield [l4( Sample Problem 3.13].?

SECTION 3.1: MOLECULAR AND FORMULA MASSES  Computational Problems

Review Questions 3.9 Tin (Sn) exists in Earth’s crust as SnO,. Calculate the
percent composition by mass of Sn and O in SnO..

3.10 For many years, chloroform (CHCI;) was used as an
inhalation anesthetic in spite of the fact that it is also a
toxic substance that may cause severe liver, kidney, and
heart damage. Calculate the percent composition by
mass of this compound.

3.11 All the substances listed here are fertilizers that

3.1 What is meant by the term molecular mass, and why
is the molecular mass that we calculate generally an
average molecular mass?

3.2 Explain the difference between the terms molecular
mass and formula mass. To what type of compound
does each term refer?

Computational Problems contribute nitrogen to the soil. Which of these is the
3.3 Calculate the molecular mass (in amu) of each of the richest source of nitrogen on a mass percentage basis?
following substances: (a) CH5Cl, (b) N,Oy, (c) SO, (a) Urea [(NH,),CO]
(d) CgHyp, (e) Hy0,, (f) C,Hy0, (g) NHs. (b) Ammonium nitrate (NH,NO,)
3.4 Calculate the molecular mass (in amu) of each of the (¢) Guanidine [HNC(NH,),]
following substances: (a) C¢HqO, (b) H,SO,, (c) C¢He, (d) Ammonia (NH3)
(d) C¢H;,04, (e) BCls, (f) N,Os, (g) H;PO,. 3.12 Limonene, shown here, is a by-product of the commercial
3.5 Calculate the molecular mass or formula mass (in amu) processing of citrus. It has a pleasant orange scent and
of each of the following substances: (a) CHy, (b) NO,, is a critical ingredient in some popular “Earth-friendly”
() SO;, (d) CeHg, () Nal, (f) K,SO,, (g) Cas(PO,),. cleaning products. Calculate the percent composition of
3.6 Calculate the molecular mass or formula mass (in amu) limonene.

of each of the following substances: (a) Li,CO;, (b) C,Hg,
(¢) NF;, (d) AL O3, (e) Fe(NOs)s, (f) PCls, (2) MgzN,.

-

SECTION 3.2: PERCENT COMPOSITION
OF COMPOUNDS

Review Questions

3.7 Use ammonia (NHj;) to explain what is meant by the )
percent composition by mass of a compound. J

3.8 Describe how the knowledge of the percent composition 3.13 Tooth enamel is Cas(PO,);(OH). Calculate the percent
by mass of an unknown compound can help us identify composition of the elements present.

the compound.



3.14

3.15

A four-pack of Red Bull Energy Drink consists of four
cans of Red Bull and one cardboard holder. How many
cans are there in 112 four-packs? How many four-packs
would contain 68 cans?

A “variety pack” of ramen noodles consists of a dozen
individual packs of noodles: six packs of chicken flavor,
three packs of beef flavor, and three packs of vegetable
flavor. (a) How many vegetable noodle packs are in the
following numbers of variety packs: 20, 4.667, 0.25?

(b) How many variety packs are necessary to provide

the following numbers of beef noodle packs: 72, 3, 10?
(c) How many vegetable noodle packs are there in the
number of variety packs that contain each of the following
numbers of the other flavors: 30 chicken flavor, 2 chicken
flavor, 25 beef flavor? (For any inexact numbers, report
your answers to four significant figures.)

SECTION 3.3: CHEMICAL EQUATIONS

Review Questions

3.16

3.17

3.18

3.19

Use the formation of water from hydrogen and oxygen
to explain the following terms: chemical reaction,
reactant, and product.

What is the difference between a chemical reaction and
a chemical equation?

Why must a chemical equation be balanced? What law
is obeyed by a balanced chemical equation?

Write the symbols used to represent gas, liquid, solid,
and the aqueous phase in chemical equations.

Conceptual Problems

3.20

3.21

3.22

3.23

Write an unbalanced equation to represent each of the
following reactions: (a) nitrogen and oxygen react to
form nitrogen dioxide, (b) dinitrogen pentoxide reacts to
form dinitrogen tetroxide and oxygen, (c) ozone reacts
to form oxygen, (d) chlorine and sodium iodide react to
form iodine and sodium chloride, and (e) magnesium
and oxygen react to form magnesium oxide. (f) Balance
equations (a)—(e).

Write an unbalanced equation to represent each of the
following reactions: (a) potassium hydroxide and
phosphoric acid react to form potassium phosphate and
water; (b) zinc and silver chloride react to form zinc
chloride and silver; (c) sodium hydrogen carbonate
reacts to form sodium carbonate, water, and carbon
dioxide; (d) ammonium nitrite reacts to form nitrogen
and water; and (e) carbon dioxide and potassium
hydroxide react to form potassium carbonate and water.
(f) Balance equations (a)—(e).

For each of the following unbalanced chemical equations,
write the corresponding chemical statement.

(a) Sg + 02 I SOZ

(b) CHy + O, —— CO, + H,0

(C) N2 + Hz —_— NH3

(d) P,Oyp + H,O —— H;PO,

(e) S + HNO; —— H,SO, + NO, + H,0

For each of the following unbalanced chemical equations,
write the corresponding chemical statement.

(a) K+ H,O —— KOH + H,

(b) Ba(OH), + HCl —— BaCl, + H,0

(C) Cu + HNO3 —_— CU(NO3)2 + NO + H20

3.24

3.25

3.26

3.27

Questions and Problems

(d) Al + H,SO, —— Al(SOy); + H,
(e)HI——H, + 1,

Balance the following equations using the method
outlined in Section 3.3.

(aC+0,——CO

(b) CO + O, —— CO,

(c¢) H, + Br, —— HBr

(d) K+ H,0 —— KOH + H,

(e) Mg + O, —— MgO

(f) O3 —— O,

(&) H,0, —— H,0 + O,

(h) N, + H, —— NH;

(1) Zn + AgCl —— ZnCl, + Ag

(]) Sg + 02 I SOz

(k) NaOH + H,SO, —— Na,S0O, + H,O

1) Cl, + Nal —— NaCl + I,

(m) KOH + H;PO, —— K;PO, + H,O

(n) CH; + Br, —— CBr, + HBr

Balance the following equations using the method
outlined in Section 3.3.

(a) N205 e N204 + 02

(b) KNO3 —— KN02 + 02

(C) NH4NO3 e NQO + Hzo

(d) NH,NO, N, + H,O

(e) NaHCO3 _— N32CO3 + Hzo + C02

(f) P4O]() + Hzo I H3PO4

(g) HCI + CaCO; —— CaC(Cl, + H,0 + CO,
(h) Al + HzSO4 I Alz(SO4)3 + H2

(]) CH4 + 02 —_— C02 + Hzo

(k) Be,C + H,O —— Be(OH), + CH,

(1) Cu + HNO3 -_— CU(N03)2 + NO + H20
(m) S+ HNO3 - H2$O4 + N02 + Hzo
(n) NH3 + CuO —— Cu + N2 + Hzo

Which of the following equations best represents the

reaction shown in the diagram?
(a)8A+4B——C+D
(b)4A + 8B ——4C + 4D
(c)2A+B——C+D
(d)4A + 2B ——4C + 4D
(e)2A+4B——C+D

CC
Qo0 ©
X

9 O Q o (" JV.\

@B
@C
@D

Which of the following equations best represents the

reaction shown in the diagram?
@A+B——C+D
(b)6A+4B——C+D
(©)A+2B——2C+D
(d3A+2B——2C+D
(e)3A +2B ——4C +2D

® o0
..
® o

0o0®

" PN
@B
@C
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SECTION 3.4: THE MOLE AND MOLAR MASSES

Review Questions

3.28 Define the term mole. What is the unit for mole in
calculations? What does the mole have in common
with the pair, the dozen, and the gross? What does
Avogadro’s number represent?

3.29 What is the molar mass of an atom? What are the
commonly used units for molar mass?

3.30 What does the word empirical in empirical formula mean?

3.31 If we know the empirical formula of a compound, what

additional information do we need to determine its
molecular formula?

Computational Problems

3.32 Earth’s population is about 7.0 billion. Suppose that every
person on Earth participates in a process of counting
identical particles at the rate of two particles per second.
How many years would it take to count 6.0 x 10*
particles? Assume that there are 365 days in a year.

3.33 The thickness of a piece of paper is 0.0036 in. Suppose
a certain book has an Avogadro’s number of pages;
calculate the thickness of the book in light-years. (Hint:
See Problem 1.66 for the definition of light-year.)

3.34 How many atoms are there in 5.10 moles of sulfur (S)?

3.35 How many moles of cobalt (Co) atoms are there in
6.00 x 107 (6 billion) Co atoms?

3.36  How many moles of calcium (Ca) atoms are in 77.4 g of Ca?

3.37 How many grams of gold (Au) are there in 15.3 moles
of Au?

3.38 What is the mass in grams of a single atom of each of
the following elements: (a) Ag, (b) K?

3.39 What is the mass in grams of a single atom of each of
the following elements: (a) Si, (b) Fe?

3.40 What is the mass in grams of 1.00 X 10'%lead (Pb) atoms?

3.41 How many atoms are present in 25.85 g of copper (Cu)?

3.42  Which of the following has more atoms: 0.302 g of
hydrogen atoms or 14.7 g of chromium atoms?

3.43 Which of the following has a greater mass: two atoms of
lead or 5.1 x 107 mole of helium?

3.44 Calculate the molar mass of the following substances:
(a) Li,COs, (b) CS,, (c) CHCI; (chloroform), (d) C¢HgOg
(ascorbic acid, or vitamin C), (e) KNO3, (f) Mg;N..

3.45 Calculate the molar mass of a compound if 0.372 mol
of it has a mass of 152 g.

3.46 How many molecules of ethane (C,Hg) are present in
0.334 g of C,Hg?

3.47 Calculate the number of C, H, and O atoms in 1.50 g of
glucose (C¢H,0g), a sugar.

3.48 The density of water is 1.00 g/mL at 4°C. How many
water molecules are present in 15.78 mL of water at this
temperature?

3.49 How many grams of sulfur (S) are needed to react
completely with 246 g of mercury (Hg) to form HgS?

3.50 Calculate the mass in grams of iodine (I,) that will react
completely with 20.4 g of aluminum (Al) to form
aluminum iodide (All3).

3.51 Tin(Il) fluoride (SnF,) is often added to toothpaste as an

ingredient to prevent tooth decay. What is the mass of F
in grams in 24.6 g of the compound?

3.52

3.53

3.54

3.55

3.56

3.57

3.58

Determine the empirical formulas of the compounds
with the following compositions: (a) 2.1 percent H,
65.3 percent O, 32.6 percent S; (b) 20.2 percent Al,
79.8 percent CI.

Determine the empirical formulas of the compounds
with the following compositions: (a) 40.1 percent C,
6.6 percent H, 53.3 percent O; (b) 18.4 percent C,

21.5 percent N, 60.1 percent K.

The empirical formula of a compound is CH. If the
molar mass of this compound is about 78 g, what is its
molecular formula?

The molar mass of caffeine is 194.19 g. Is the molecular
formula of caffeine C,;HsN,O or CgH;(N,O,?
Monosodium glutamate (MSG), a food-flavor enhancer,
has been blamed for “Chinese restaurant syndrome,” the
symptoms of which are headaches and chest pains.
MSG has the following composition by mass: 35.51
percent C, 4.77 percent H, 37.85 percent O, 8.29 percent
N, and 13.60 percent Na. What is its molecular formula
if its molar mass is about 169 g?

Toxicologists use the term LDs, to describe the number
of grams of a substance per kilogram of body weight
that is a lethal dose for 50 percent of test animals.
Calculate the number of arsenic(VI) oxide molecules
corresponding to an LDs, value of 0.015 for a 184-1b
man, assuming that the test animals and humans have
the same LDsy,.

Chemical analysis shows that the oxygen-carrying
protein hemoglobin is 0.34 percent Fe by mass. What is
the minimum possible molar mass of hemoglobin? The
actual molar mass of hemoglobin is about 65,000 g.
How would you account for the discrepancy between
your minimum value and the experimental value?

Conceptual Problems

3.59

3.60

In response to invasion by a microorganism, the cells
of some plants release azelaic acid, shown here, as a
molecular “distress flare” to help other cells prepare for
and build immunity against the invasion.

) J 0 9

Write the molecular and empirical formulas for azelaic
acid and calculate its percent composition by mass.
Researchers recently reported that the compound in stale
beer that attracts cockroaches is DDMP, shown here.

Write the molecular and empirical formulas for DDMP
and calculate its percent composition by mass.
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Review Questions

3.61

3.62

In combustion analysis, is the combined mass of the
products (CO, and H,O) less than, equal to, or greater
than the combined mass of the compound that is
combusted and the O, that reacts with it? Explain.
Explain why, in combustion analysis, we cannot determine
the amount of oxygen in the sample directly from the
amount of oxygen in the products H,O and CO..

Computational Problems

3.63

3.64

3.65

3.66

3.67

Menthol is a flavoring agent extracted from peppermint
oil. It contains C, H, and O. In one combustion analysis,
10.00 mg of the substance yields 11.53 mg H,O and
28.16 mg CO,. What is the empirical formula of menthol?
Ascorbic acid (vitamin C) contains C, H, and O. In

one combustion analysis, 5.24 g of ascorbic acid yields
7.86 g CO, and 2.14 g H,O. Calculate the empirical
formula and molecular formula of ascorbic acid given
that its molar mass is about 176 g.

The amino acid cysteine plays an important role in the
three-dimensional structure of proteins by forming
“disulfide bridges.” The percent composition of cysteine
is 29.74 percent C, 5.82 percent H, 26.41 percent O,

11.56 percent N, and 26.47 percent S. What is the molecular
formula if its molar mass is approximately 121 g?

The diagram shows the products of a combustion
analysis. Determine the empirical formula of the
compound being analyzed if (a) it is a hydrocarbon and
(b) it is a compound containing C, H, and O, with a
formula weight of approximately 92.

Which of the following diagrams could represent the
products of combustion of a sample of (a) acetylene
(C,H,) and (b) ethylene (C,Hy)?
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SECTION 3.6: CALCULATIONS WITH BALANCED

CHEMICAL EQUATIONS

Review Questions

3.68

3.69

On what law is stoichiometry based? Why is it essential
to use balanced equations in solving stoichiometric
problems?

Describe the steps involved in balancing a chemical
equation.

Computational Problems

3.70

3.71

3.72

3.73

3.74

3.75

3.76

Consider the combustion of carbon monoxide (CO) in
oxygen gas:

2C0(g) + O,(g) — 2C0(g)

Starting with 3.60 moles of CO, calculate the number of
moles of CO, produced if there is enough oxygen gas to
react with all the CO.

Silicon tetrachloride (SiCly) can be prepared by heating
Si in chlorine gas:

Si(s) + 2Cly(g) —— SiCly())

In one reaction, 0.507 mol of SiCl, is produced. How
many moles of molecular chlorine were used in the
reaction?

Ammonia is a principal nitrogen fertilizer. It is prepared
by the reaction between hydrogen and nitrogen:

3H,(g) + Ny(g) —— 2NH;(g)

In a particular reaction, 6.0 mol of NH; were produced.
How many moles of H, and how many moles of N,
were consumed to produce this amount of NH;?
Consider the combustion of butane (C,H,):

2C4H (8) + 130,(g) —— 8COx(g) + 10H0()

In a particular reaction, 5.0 mol of C4H, react with an
excess of O,. Calculate the number of moles of CO,
formed.

The annual production of sulfur dioxide from burning
coal and fossil fuels, auto exhaust, and other sources is
about 26 million tons. The equation for the reaction is

S(s) + O(g) —— SOx(g)

How much sulfur (in tons), present in the original
materials, would result in that quantity of SO,?

When baking soda (sodium bicarbonate or sodium
hydrogen carbonate, NaHCO;) is heated, it releases
carbon dioxide gas, which is responsible for the rising
of cookies, doughnuts, and bread. (a) Write a balanced
equation for the decomposition of the compound (one
of the products is Na,COs3). (b) Calculate the mass of
NaHCO; required to produce 20.5 g of CO,.

When potassium cyanide (KCN) reacts with acids, a
deadly poisonous gas, hydrogen cyanide (HCN), is
given off. Here is the equation:

KCN(aq) + HCl(ag) —— KCl(aq) + HCN(g)

If a sample of 0.140 g of KCN is treated with an
excess of HCI, calculate the amount of HCN formed,
in grams.
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Fermentation is a complex chemical process of
winemaking in which glucose is converted into
ethanol and carbon dioxide:

C6H1206 — 2C2H50H + 2C02

glucose ethanol

Starting with 500.4 g of glucose, what is the maximum
amount of ethanol in grams and in liters that can be
obtained by this process (density of ethanol = 0.789 g/mL)?
Each copper(Il) sulfate unit is associated with five water
molecules in crystalline copper(Il) sulfate pentahydrate
(CuSOy - 5H,0). When this compound is heated in air
above 100°C, it loses the water molecules and also its
blue color:

CuSO0, - 5H,0 —— CuSO0, + 5H,0

If 9.60 g of CuSOy is left after heating 15.01 g of the
blue compound, calculate the number of moles of H,O
originally present in the compound.

For many years, the extraction of gold—that is, the
separation of gold from other materials—involved the
use of potassium cyanide:

4Au + 8KCN + O, + 2H,0 —— 4KAu(CN), + 4KOH

What is the minimum amount of KCN in moles needed
to extract 29.0 g (about an ounce) of gold?

Limestone (CaCOs) is decomposed by heating to quicklime
(Ca0) and carbon dioxide. Calculate how many grams of
quicklime can be produced from 1.0 kg of limestone.
Nitrous oxide (N,O) is also called “laughing gas.”

It can be prepared by the thermal decomposition of
ammonium nitrate (NH4NOj3). The other product is H,O.
(a) Write a balanced equation for this reaction. (b) How
many grams of N,O are formed if 0.46 mol of NH,;NO;
is used in the reaction?

The fertilizer ammonium sulfate [(NH,4),SO,] is
prepared by the reaction between ammonia (NH3) and
sulfuric acid:

2NH;(g) + HxSO4(aq) —— (NH,),S04(aq)

How many kilograms of NHj; are needed to produce
1.00 x 10° kg of (NHy), SO,?

A common laboratory preparation of oxygen gas is the
thermal decomposition of potassium chlorate (KC10O53).
Assuming complete decomposition, calculate the
number of grams of O, gas that can be obtained from
46.0 g of KClO;. (The products are KCI and O,.)

SECTION 3.7: LIMITING REACTANTS

’”

Visualizing Chemistry
Figure 3.7 Limiting Reactant Problems

The diagram shows reactants A; and B, prior to reaction.

VC3.1

VC32

VC33

VC3.4

For which of these products would A; be the limiting

reactant?
QD v 2@

For which of these products would B, be the limiting

reactant?
"D M @

For which product are the reactants present in
stoichiometric amounts?
> @J

"D M

Assuming that B, is the limiting reactant, which of the
following best represents the remaining A; when the

reaction is complete?
' off ‘o off o

o o

Review Questions

3.84

3.85

3.86

3.87

Define limiting reactant and excess reactant. What is
the significance of the limiting reactant in predicting the
amount of the product obtained in a reaction? Can there
be a limiting reactant if only one reactant is present?
Give an everyday example that illustrates the limiting
reactant concept.

Why is the theoretical yield of a reaction determined
only by the amount of the limiting reactant?

Why is the actual yield of a reaction almost always
smaller than the theoretical yield?

Computational Problems

3.88

3.89

3.90

391

Nitric oxide (NO) reacts with oxygen gas to form
nitrogen dioxide (NO,), a dark-brown gas:

2NO(g) + 0,(g) —— 2NO,(g)

In one experiment, 0.886 mol of NO is mixed with
0.503 mol of O,. Determine which of the two reactants
is the limiting reactant. Calculate also the number of
moles of NO, produced.

Consider the reaction

MHO2 + 4HCl —— MHC12 + C12 + 2H20

If 0.86 mol of MnO, and 48.2 g of HCI react, which
reactant will be used up first? How many grams of Cl,
will be produced?

Nickel carbonyl can be prepared by the direct combination
of nickel metal with carbon monoxide gas according to
the following chemical equation:

Ni(s) 4+ 4CO(g) — Ni(CO),(s)

Determine the mass of nickel carbonyl that can be produced
by the combination of 50.03 g Ni(s) with 78.25 g CO(g).
Which reactant is consumed completely? How much of

the other reactant remains when the reaction is complete?
Phosgene and ammonia gases can react to produce

urea and ammonium chloride solids according to the
following chemical equation:

COCly(g) + 4NH;(g) —— CO(NH,),(s) + 2NH,CI(s)
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Determine the mass of each product formed when 52.68 g
COCly(g) and 35.50 g NH;(g) are combined. Which
reactant is consumed completely? How much of the
other reactant remains when the reaction is complete?
Zinc metal reacts with aqueous silver nitrate to produce
silver metal and aqueous zinc nitrate according to the
following equation (unbalanced):

Zn(s) + AgNOs(ag) —— Ag(s) + Zn(NO;),(aq)

What mass of silver metal is produced when 25.00 g
Zn is added to a beaker containing 105.5 g AgNO;
dissolved in 250 mL of water. Determine the mass
amounts of each substance present in the beaker when
the reaction is complete.

When combined, aqueous solutions of sulfuric acid and
potassium hydroxide react to form water and aqueous
potassium sulfate according to the following equation
(unbalanced):

H,S0,(aq) + KOH(ag) —— H,0(!) + K,SO,(aq)

Determine what mass of water is produced when a
beaker containing 100.0 g H,SO, dissolved in 250 mL
water is added to a larger beaker containing 100.0 g
KOH dissolved in 225 mL water. Determine the mass
amounts of each substance (other than water) present

in the large beaker when the reaction is complete.
Hydrogen fluoride is used in the manufacture of Freons
(which destroy ozone in the stratosphere) and in the
production of aluminum metal. It is prepared by the reaction

CaF2 + HQSO4 — CaSO4 + 2HF

In one process, 6.00 kg of CaF, is treated with an excess
of H,SO, and yields 2.86 kg of HF. Calculate the
percent yield of HF.

Nitroglycerin (C3HsN3Oy) is a powerful explosive. Its
decomposition may be represented by

4C3H5N309 I 6N2 + 12C02 + 10H20 + 02

This reaction generates a large amount of heat and
gaseous products. It is the sudden formation of these
gases, together with their rapid expansion, that produces
the explosion. (a) What is the maximum amount of

0, in grams that can be obtained from 2.00 x 10* g of
nitroglycerin? (b) Calculate the percent yield in this
reaction if the amount of O, generated is found to be 6.55 g.
Titanium(IV) oxide (TiO,) is a white substance produced by
the action of sulfuric acid on the mineral ilmenite (FeTiO;):

FeTiO3 + H2$O4 I T102 + FGSO4 + HQO

Its opaque and nontoxic properties make it suitable as a
pigment in plastics and paints. In one process, 8.00 X 10° kg
of FeTiO; yielded 3.67 x 10° kg of TiO,. What is the
percent yield of the reaction?

Ethylene (C,H,), an important industrial organic chemical,
can be prepared by heating hexane (C¢H,4) at 800°C:

C¢H,, A, C,H, + other products

If the yield of ethylene production is 42.5 percent, what
mass of hexane must be used to produce 481 g of ethylene?
When heated, lithium reacts with nitrogen to form
lithium nitride:

6Li(s) + Na(g) —=— 2LisN(s)

3.99
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What is the theoretical yield of Li;N in grams when 12.3 g
of Li is heated with 33.6 g of N,? If the actual yield of
Li3;N is 5.89 g, what is the percent yield of the reaction?
Disulfide dichloride (S,Cl,) is used in the vulcanization
of rubber, a process that prevents the slippage of rubber
molecules past one another when stretched. It is
prepared by heating sulfur in an atmosphere of chlorine:

Ss(D) + 4Cly(g) —=— 4S,Cly(I)
What is the theoretical yield of S,Cl, in grams when

4.06 g of Sg is heated with 6.24 g of Cl,? If the actual
yield of S,Cl, is 6.55 g, what is the percent yield?

Conceptual Problems

3.100

3.101

3.102

3.103

Products of the combustion analysis of a hydrocarbon
are represented as shown. Determine the empirical

formula of the hydrocarbon.
@ A L")
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Consider the reaction pictured, where each red sphere
represents an oxygen atom and each blue sphere
represents a nitrogen atom. Write the balanced equation

and identify the limiting reactant.

3 3 O'@
P g

Consider the reaction
2A+B——C

(a) In the diagram here that represents the reaction, which
reactant, A or B, is the limiting reactant? (b) Assuming a
complete reaction, draw a molecular-model representation
of the amounts of reactants and products left after the
reaction. The atomic arrangement in C is ABA.

@ |eA
@B

Consider the reaction
N2 + 3H2 _— 2NH3

Assuming each model represents one mole of the
substance, show the number of moles of the product and
the excess reactant left after the complete reaction.

S e 2O
| @Ny

4 Y \\
P 5 NH;
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3.104 Determine whether each of the following equations
represents a combination reaction, a decomposition
reaction, or a combustion reaction: (a) 2NaHCO; ——
Na,CO; + CO, + H,0, (b) NH; + HCl —— NH,CI,
(¢c) 2CH;0H + 30, —— 2CO, + 4H,0.

Determine whether each of the following equations
represents a combination reaction, a decomposition
reaction, or a combustion reaction: (a) C3Hg +

50, —— 3CO, + 4H,0, (b) 2NF, —— N,F,,

(¢) CuSO, - 5H,0 —— CuSO, + 5H,0.

3.105

ADDITIONAL PROBLEMS

3.106 The diagram represents the products (CO, and H,0)

formed after the combustion of a hydrocarbon (a
compound containing only C and H atoms). Write an
equation for the reaction. (Hint: The molar mass of the
hydrocarbon is about 30 g.)

o
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Consider the reaction of hydrogen gas with oxygen gas:

2H,(g) + Ox(g) — 2H,0(y)

)
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w Hp
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&) H,O

Assuming a complete reaction, which of the diagrams
(a—d) shown here represents the amounts of reactants
and products left after the reaction?
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The atomic mass of element X is 33.42 amu. A 27.22-g
sample of X combines with 84.10 g of another element Y
to form a compound XY. Calculate the atomic mass of Y.
How many moles of O are needed to combine with
0.212 mol of C to form (a) CO and (b) CO,?

The aluminum sulfate hydrate [Al,(SO,); - xH,O] contains
8.10 percent Al by mass. Calculate x, that is, the number
of water molecules associated with each Al,(SO,); unit.
A sample of a compound of Cl and O reacts with an
excess of H, to give 0.233 g of HCI and 0.403 g of H,O.
Determine the empirical formula of the compound.

The carat is the unit of mass used by jewelers. One carat
is exactly 200 mg. How many carbon atoms are present
in a 2-carat diamond?

An iron bar weighed 664 g. After the bar had been
standing in moist air for a month, exactly one-eighth of
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3.127

the iron turned to rust (Fe,03.) Calculate the final mass
of the iron bar and rust.

A certain metal oxide has the formula MO where M
denotes the metal. A 39.46-g sample of the compound is
strongly heated in an atmosphere of hydrogen to remove
oxygen as water molecules. At the end, 31.70 g of the
metal is left over. If O has an atomic mass of 16.00 amu,
calculate the atomic mass of M and identify the element.
Suppose you are given a cube made of magnesium (Mg)
metal of edge length 1.0 cm. (a) Calculate the number of
Mg atoms in the cube. (b) Atoms are spherical in shape.
Therefore, the Mg atoms in the cube cannot fill all the
available space. If only 74 percent of the space inside
the cube is taken up by Mg atoms, calculate the radius

in picometers of an Mg atom. (The density of Mg is

1.74 g/em?, and the volume of a sphere of radius ris 37°.)
Carbohydrates are compounds containing carbon,
hydrogen, and oxygen in which the hydrogen to oxygen
ratio is 2:1. A certain carbohydrate contains 40.0 percent
carbon by mass. Calculate the empirical and molecular
formulas of the compound if the approximate molar
mass is 178 g.

Which of the following has the greater mass: 0.72 g of
0, or 0.0011 mol of chlorophyll (CssH;,,MgN,O5)?
Analysis of a metal chloride XCl; shows that it contains
67.2 percent Cl by mass. Calculate the molar mass of X,
and identify the element.

Calculate the number of cations and anions in each of
the following compounds: (a) 8.38 g of KBr, (b) 5.40 g
of Na,SOy, (c) 7.45 g of Caz(POy),.

A mixture of NaBr and Na,SO, contains 29.96 percent
Na by mass. Calculate the percent by mass of each
compound in the mixture.

Avogadro’s number has sometimes been described as a
conversion factor between amu and grams. Use the
fluorine atom (19.00 amu) as an example to show the
relationship between the atomic mass unit and the gram.
The natural abundances of the two stable isotopes of
hydrogen (hydrogen and deuterium) are 99.99 percent |H
and 0.01 percent TH. Assume that water exists as either
H,O or D,0. Calculate the number of D,O molecules in
exactly 400 mL of water (density 1.00 g/mL).

In the formation of carbon monoxide, CO, it is found
that 2.445 g of carbon combine with 3.257 g of oxygen.
What is the atomic mass of oxygen if the atomic mass
of carbon is 12.01 amu?

What mole ratio of molecular chlorine (Cl,) to molecular
oxygen (O,) would result from the breakup of the
compound CI,O;, into its constituent elements?

Which of the following substances contains the greatest
mass of chlorine: (a) 5.0 g Cl,, (b) 60.0 g NaClO3,

() 0.10 mol KCl, (d) 30.0 g MgCl,, (e) 0.50 mol Cl,?
A compound made up of C, H, and CI contains 55.0
percent CI by mass. If 9.00 g of the compound contain
419%x 10 H atoms, what is the empirical formula of
the compound?

Platinum forms two different compounds with chlorine.
One contains 26.7 percent CI by mass, and the other
contains 42.1 percent CI by mass. Determine the
empirical formulas of the two compounds.
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Heating 2.40 g of the oxide of metal X (molar mass of
X =55.9 g/mol) in carbon monoxide (CO) yields the
pure metal and carbon dioxide. The mass of the metal
product is 1.68 g. From the data given, show that the
simplest formula of the oxide is X,03 and write a
balanced equation for the reaction.

A compound X contains 63.3 percent manganese (Mn) and
36.7 percent O by mass. When X is heated, oxygen gas is
evolved and a new compound Y containing 72.0 percent
Mn and 28.0 percent O is formed. (a) Determine the
empirical formulas of X and Y. (b) Write a balanced
equation for the conversion of X to Y.

A mixture of CuSO, - SH,O and MgSO, - 7H,0 is
heated until all the water is lost. If 5.020 g of the
mixture gives 2.988 g of the anhydrous salts, what is
the percent by mass of CuSQO, - 5H,O in the mixture?
When 0.273 g of Mg is heated strongly in a nitrogen
(N,) atmosphere, a chemical reaction occurs. The
product of the reaction weighs 0.378 g. Calculate the
empirical formula of the compound containing Mg and
N. Name the compound.

A mixture of methane (CH,) and ethane (C,Hg) of mass
13.43 g is completely burned in oxygen. If the total
mass of CO, and H,O produced is 64.84 g, calculate

the fraction of CH, in the mixture.

Air is a mixture of many gases. However, in calculating
its molar mass we need consider only the three major
components: nitrogen, oxygen, and argon. Given that
one mole of air at sea level is made up of 78.08 percent
nitrogen, 20.95 percent oxygen, and 0.97 percent argon,
what is the molar mass of air?

A die has an edge length of 1.5 cm. (a) What is the
volume of one mole of such dice? (b) Assuming that the
mole of dice could be packed in such a way that they
were in contact with one another, forming stacking layers
covering the entire surface of Earth, calculate the height
in meters the layers would extend outward. [The radius
(r) of Earth is 6371 km, and the area of a sphere is 47’
A certain metal M forms a bromide containing 53.79
percent Br by mass. What is the chemical formula of
the compound?

A sample of iron weighing 15.0 g was heated with
potassium chlorate (KC10;) in an evacuated container.
The oxygen generated from the decomposition of KC10;
converted some of the Fe to Fe,O;. If the combined mass
of Fe and Fe,0; was 17.9 g, calculate the mass of Fe,05
formed and the mass of KC1O; decomposed.

A sample containing NaCl, Na,SO,, and NaNO; gives
the following elemental analysis: 32.08 percent Na,
36.01 percent O, 19.51 percent Cl. Calculate the mass
percent of each compound in the sample.

A sample of 10.0 g of sodium reacts with oxygen to
form 13.83 g of sodium oxide (Na,O) and sodium
peroxide (Na,0,). Calculate the percent composition

of the product mixture.

Propane (C;Hg) is a minor component of natural gas and
is used in domestic cooking and heating. (a) Balance the
following equation representing the combustion of
propane in air:

C3H8 + 02 -_— COZ + HzO
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(b) How many grams of carbon dioxide can be produced
by burning 3.65 mol of propane? Assume that oxygen is
the excess reactant in this reaction.

Industrial Problems

3.140

3.141

3.142

3.143

Industrially, nitric acid is produced by the Ostwald
process, represented by the following equations:

4NH;(g) + 50,(g) —— 4NO(g) + 6H,0()
2NO(g) + Ox(g) —— 2NOx(g)
2NO,(g) + H,O(/) —— HNOjs(ag) + HNO,(aq)

What mass of NHj; (in grams) must be used to produce
1.00 ton of HNOj; by the Ostwald process, assuming

an 80 percent yield in each step (1 ton = 2000 Ib;
11b=453.6 g)?

An impure sample of zinc (Zn) is treated with an excess
of sulfuric acid (H,SQO,) to form zinc sulfate (ZnSO,) and
molecular hydrogen (H,). (a) Write a balanced equation
for the reaction. (b) If 0.0764 g of H, is obtained from
3.86 g of the sample, calculate the percent purity of the
sample. (c) What assumptions must you make in part (b)?
One of the reactions that occurs in a blast furnace,
where iron ore is converted to cast iron, is

F6203 + 3CO —— 2Fe + 3C02

Suppose that 1.64 x 10° kg of Fe is obtained from a
2.62 x 10°-kg sample of Fe,0;. Assuming that the
reaction goes to completion, what is the percent purity
of Fe,0j3 in the original sample?

Industrially, hydrogen gas can be prepared by combining
propane gas (C3;Hg) with steam at about 400°C. The
products are carbon monoxide (CO) and hydrogen gas
(H»). (a) Write a balanced equation for the reaction.

(b) How many kilograms of H, can be obtained from
2.84 x 10° kg of propane?

Engineering Problems

3.144

3.145

A reaction having a 90 percent yield may be considered
a successful experiment. However, in the synthesis of
complex molecules such as chlorophyll and many
anticancer drugs, a chemist often has to carry out
multiple-step syntheses. What is the overall percent
yield for such a synthesis, assuming it is a 30-step
reaction with a 90 percent yield at each step?

A certain sample of coal contains 1.6 percent sulfur by
mass. When the coal is burned, the sulfur is converted
to sulfur dioxide. To prevent air pollution, this sulfur
dioxide is treated with calcium oxide (CaO) to form
calcium sulfite (CaSOj). Calculate the daily mass (in
kilograms) of CaO needed by a power plant that uses
6.60 x 10° kg of coal per day.

Biological Problems

3.146

Aspirin or acetylsalicylic acid is synthesized by
combining salicylic acid with acetic anhydride:

C7H603 + C4H6O3 —_— C9H804 + HC2H302

salicylic acid acetic anhydride aspirin acetic acid

(a) How much salicylic acid is required to produce
0.400 g of aspirin (about the content in a tablet), assuming
acetic anhydride is present in excess? (b) Calculate the

amount of salicylic acid needed if only 74.9 percent of
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salicylic is converted to aspirin. (c) In one experiment,
9.26 g of salicylic acid reacts with 8.54 g of acetic
anhydride. Calculate the theoretical yield of aspirin and
the percent yield if only 10.9 g of aspirin is produced.
Lactic acid, which consists of C, H, and O, has long
been thought to be responsible for muscle soreness
following strenuous exercise. Determine the empirical
formula of lactic acid given that combustion of a 10.0-g
sample produces 14.7 g CO, and 6.00 g H,O.

Calculate the percent composition by mass of all the
elements in calcium phosphate [Ca;(POy),], a major
component of bone.

Lysine, an essential amino acid in the human body,
contains C, H, O, and N. In one experiment, the
complete combustion of 2.175 g of lysine gave 3.94 g
CO, and 1.89 g H,O. In a separate experiment, 1.873 g
of lysine gave 0.436 g NHj;. (a) Calculate the empirical
formula of lysine. (b) The approximate molar mass of
lysine is 150 g. What is the molecular formula of the
compound?

The compound 2,3-dimercaptopropanol
(HSCH,CHSHCH,OH), commonly known as British
Anti-Lewisite (BAL), was developed during World War
I as an antidote to arsenic-containing poison gas. (a) If
each BAL molecule binds one arsenic (As) atom, how
many As atoms can be removed by 1.0 g of BAL?

(b) BAL can also be used to remove poisonous heavy
metals like mercury (Hg) and lead (Pb). If each BAL
binds one Hg atom, calculate the mass percent of Hg in
a BAL-Hg complex. (A H atom is removed when a BAL
molecule binds a Hg atom.)

Mustard gas (C,H3Cl,S) is a poisonous gas that was
used in World War I and banned afterward. It causes
general destruction of body tissues, resulting in the
formation of large water blisters. There is no effective
antidote. Calculate the percent composition by mass

of the elements in mustard gas.

Myoglobin stores oxygen for metabolic processes in
muscle. Chemical analysis shows that it contains

0.34 percent Fe by mass. What is the molar mass of
myoglobin? (There is one Fe atom per molecule.)
Hemoglobin (C,g5,H4664Ng120g30SsFey) is the oxygen
carrier in blood. (a) Calculate its molar mass. (b) An
average adult has about 5.0 L of blood. Every milliliter
of blood has approximately 5.0 x 10° erythrocytes, or
red blood cells, and every red blood cell has about
2.8x 108 hemoglobin (HG) molecules. Calculate the mass
of hemoglobin molecules in grams in an average adult.
Cysteine, shown here, is one of the 20 amino acids
found in proteins in humans. Write the molecular
formula of cysteine, and calculate its molar mass.
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Isoflurane, shown here, is a common inhalation
anesthetic. Write its molecular formula, and calculate its
molar mass.

Environmental Problems
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Carbon dioxide (CO,) is the gas that is mainly
responsible for global warming (the greenhouse effect).
The burning of fossil fuels is a major cause of the
increased concentration of CO, in the atmosphere.
Carbon dioxide is also the end product of metabolism
(see Sample Problem 3.4). Using glucose as an example
of food, calculate the annual human production of CO, in
grams, assuming that each person consumes 5.0 x 10 g
of glucose per day, that the world’s population is

6.5 billion, and that there are 365 days in a year.

It is estimated that the day Mt. St. Helens erupted (May
18, 1980), about 4.0 x 10° tons of SO, were released into
the atmosphere. If all the SO, were eventually converted
to sulfuric acid, how many tons of H,SO, were produced?
Leaded gasoline contains an additive to prevent engine
“knocking.” On analysis, the additive compound is found
to contain carbon, hydrogen, and lead (Pb) (hence,
“leaded gasoline”). When 51.36 g of this compound is
burned in an apparatus such as that shown in Figure 3.5,
55.90 g of CO, and 28.61 g of H,O are produced.
Determine the empirical formula of the gasoline additive.
Because of its detrimental effect on the environment, the
original lead additive has been replaced in recent years by
methyl fert-butyl ether (a compound of C, H, and O) to
enhance the performance of gasoline. (As of 1999, this
compound is also being phased out because of its
contamination of drinking water.) When 12.1 g of the
compound is burned in an apparatus like the one shown
in Figure 3.5, 30.2 g of CO, and 14.8 g of H,O are
formed. What is the empirical formula of this compound?
Peroxyacylnitrate (PAN) is one of the components of smog.
It is a compound of C, H, N, and O. Determine the percent
composition of oxygen and the empirical formula from the
following percent composition by mass: 19.8 percent C,
2.50 percent H, 11.6 percent N. What is its molecular
formula given that its molar mass is about 120 g?

The depletion of ozone (O3) in the stratosphere has been
a matter of great concern among scientists in recent
years. It is believed that ozone can react with nitric
oxide (NO) that is discharged from high-altitude jet
planes. The reaction is

O3+NO—’02+N02

If 0.740 g of Oj reacts with 0.670 g of NO, how many
grams of NO, will be produced? Which compound is
the limiting reactant? Calculate the number of moles of
the excess reactant remaining at the end of the reaction.



Multiconcept Problems

3.161 Potash is any potassium mineral that is used for its
potassium content. Most of the potash produced in the
United States goes into fertilizer. The major sources of
potash are potassium chloride (KCI) and potassium sulfate
(K,SO,). Potash production is often reported as the
potassium oxide (K,0) equivalent or the amount of K,O
that could be made from a given mineral. (a) If KCI costs
$0.55 per kg, for what price (dollar per kg) must K,SO, be
sold to supply the same amount of potassium on a per
dollar basis? (b) What mass (in kg) of K,O contains the
same number of moles of K atoms as 1.00 kg of KCI?
Octane (CgH;g) is a component of gasoline. Complete
combustion of octane yields HO and CO,. Incomplete
combustion produces H,O and CO, which not only
reduces the efficiency of the engine using the fuel but is
also toxic. In a certain test run, 1.000 gallon (gal) of
octane is burned in an engine. The total mass of CO, CO,,
and H,O produced is 11.53 kg. Calculate the efficiency of
the process; that is, calculate the fraction of octane
converted to CO,. The density of octane is 2.650 kg/gal.
The following is a crude but effective method for estimating
the order of magnitude of Avogadro’s number using stearic
acid (C,gH360,). When stearic acid is added to water, its
molecules collect at the surface and form a monolayer;
that is, the layer is only one molecule thick. The
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cross-sectional area of each stearic acid molecule has been
measured to be 0.21 nm?. In one experiment, it is found that
1.4 x 107 g of stearic acid is needed to form a monolayer
over water in a dish of diameter 20 cm. Based on these
measurements, what is Avogadro’s number? (The area of a
circle of radius ris m2.)
The photograph at the
beginning of Chapter 2
shows a bottle of iron
supplements in the
form of ferrous
fumarate (FeC4H,0,).
(a) Determine the
molar mass of ferrous
fumarate and calculate
its percent composition. (b) Write the empirical formula
of ferrous fumarate. (¢) What mass of each CO, and
H,0 would be produced by the combustion of 1.000 g
FeC,H,0,4? (d) The FDA recommends that iron
supplements containing more than 30 mg iron be sold in
unit-dose blister packaging, of the type shown here, to
help prevent accidental overdose—especially in
children. Explain why it is not necessary for the tablets
in the photograph (according to the label, 65 mg) to be
in unit-dose blister packaging, in accordance with the
FDA recommendation.
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Standardized-Exam Practice Problems

Physical and Biological Sciences

The first step in producing phosphorus fertilizer is the treatment of fluor-
apatite, a phosphate rock, with sulfuric acid to yield calcium dihydrogen
phosphate, calcium sulfate, and hydrogen fluoride gas. In one experiment,
a chemist combines 1.00 kg of each reactant.

1. Select the correct balanced equation to represent the reaction.

a) 2CaPO,F(s) + 2H,SO4(aq)
—> CaH,PO,(aq) + CaSOy4(aq) + HF(g)
b) 2CaPO,F(s) + H,SO4(aq)
—> CaH,PO,(aq) + CaSOy4(aq) + HF(g)
¢) Cas(PO,)sF(s) + 3H,SO4(aq)
—> 3Ca(H,PO,),(aq) + 2CaS0,(aq) + HF(g)

Answers to In-Chapter Materials

Answers to Practice Problems

3.1A (a) 95.21 amu, (b) 98.09 amu, (c) 90.04 amu. 3.1B (a) 100.09 amu,
(b) 47.02 amu, (c) 68.15 amu. 3.2A 57.13% C, 6.165% H, 9.521% N,
27.18% 0. 3.2B C;H0. 3.3A C;Hg(g) + 50,(g) —— 3CO4(g) +
4H,0(]). 3.3B H,SO4(aq) + 2NaOH(ag) — Na,SO,(aq) + 2H,0()).
3.4A C5H3,04(aq) + 250,(g) — 18CO4(g) + 16H,0()).

3.4B 2NHj;(g) + 3CuO(s) — 3Cu(s) + No(g) + 3H,O()).

3.5A (a) 4.40 x 10* atoms K, (b) 1.48 x 10> mol K. 3.5B (a) 6.32 X
10" atoms He, (b) 3.87 x 10~ mol He. 3.6A (a) 495 g, (b) 0.704 mol.
3.6B (a) 31.5 g, (b) 22.71 mol. 3.7A (a) 6.68 X 10 0, molecules,
1.34 x 10** O atoms, (b) 1.32 x 107" g. 3.7B (a) 3.34 x 10* O atoms,
6.68 x 10° H atoms, (b) 33.4 g. 3.8A C,H,O. 3.8B CH,. 3.9A C;H,0;

d) 2Cas(PO,);F(s) + TH,S0,(aq)
— 3Ca(H,PO,),(aq) + 7CaSO,(ag) + 2HF(g)

2. Assuming that all the limiting reactant is converted to products,
what mass of calcium dihydrogen phosphate is produced?

a) 464 g b) 696 g c) 928 ¢g d) 199 ¢
3. What mass of the excess reactant remains unreacted?
a) 319g b) 681 g c) 406 g d) 490 g

4. What is the percent yield of the reaction if 197 g of calcium
dihydrogen phosphate is produced?

a) 99.0% b) 42.5% c) 28.3% d) 212%

and C¢HgOq. 3.9B 1.44 g CO,, 1.18 g H,0. 3.10A 0.264 mol H, and
0.176 mol NH;. 3.10B P,O,, + 6H,0 —— 4H;PO,; 1.45 mol P,O,,
8.70 mol H,0. 3.11A 34.1 g. 3.11B 292 g. 3.12A 42.6 g ammonia; nitrogen
is limiting reactant and 4.95 g is hydrogen left over. 3.12B 44.2 ¢ KOH,
115.5 g H3PO,. 3.13A 29.2%. 3.13B 122 g. 3.14A 71.5% 3.14B 58.5 g.
3.15A (a) combustion, (b) combination, (¢) decomposition.

3.15B A, + 2B —— 2AB.

Answers to Checkpoints

31.1a 31.2d 321b.322¢e.331e.332d 333¢. 334d 341b.
342d 3432 344¢e.351¢e. 352d. 353a 354d. 3.6.1 a. 3.6.2 a.
371 ¢.372b.373¢. 374 c.3.75 a. 3.7.6 c.

Design Icon Credits: Animation icon: ©McGraw-Hill Education; Hot Spot Icon: ©LovArt/Shutterstock.com
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Gatorade, the original sports beverage, was developed to remedy depleted blood
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In This Chapter, You Will Learn

About some of the properties of aqueous solutions and about
several different types of reactions that can occur between
dissolved substances. You will also learn how to express the
concentration of a solution and how concentration can be
useful in solving quantitative problems.

Before You Begin, Review These Skills

+ Identifying compounds as either jonic or molecular
[« Sections 2.6 and 2.7]

+ Names, formulas, and charges of the common polyatomic
ions [« Table 2.3]

How Aqueous Solutions Impact Athletic
Stamina and Performance

In 1965, University of Florida (UF) assistant coach Dwayne Douglas was concerned
about the health of Gators football players. He noted that during practices and games
in hot weather the players (1) lost a great deal of weight, (2) seldom needed to
urinate, and (3) had limited stamina, especially during the second half of a practice
or game. He consulted Dr. Robert Cade, researcher and kidney-disease specialist at
UF’s medical college, who embarked on a project to identify the cause of the ath-
letes’ lack of endurance. It was found that after a period of intense activity accom-
panied by profuse sweating, the players had low blood sugar, low blood volume,
and an imbalance of electrolytes—all of which contributed to heat exhaustion. Cade
and his research fellows theorized that the depletion of sugar, water, and electrolytes
might be remedied by having the athletes drink a solution containing just the right
amounts of each. Using this theory, they developed a beverage containing water,
sugar, and sodium and potassium salts similar to those present in sweat. By all accounts, the
beverage tasted so bad that no one would drink it. Mary Cade, Robert Cade’s wife, suggested
adding lemon juice to make the concoction more palatable—and the drink that would become
Gatorade was born. In their 1966 season, the Gators earned a reputation as the “second-half”

©David A. Tietz/Editorial Image, LLC

team, often coming from behind in the third or fourth quarter. Gators coach Ray Graves attrib- At the end of this chapter, you
uted his team’s newfound late-in-the-game strength to the newly developed sideline beverage will be able to solve several
that replenished blood sugar, blood volume, and electrolyte balance. Sports drinks are now a problems related to typical
multibillion-dollar industry, and there are several popular brands, although Gatorade still main- sports drinks and an aqueous
tains a large share of the market. reaction used to analyze their
contents [ Applying What
Development of beverages that help replenish blood sugar and restore electrolyte balance requires You've Learned, page 176].

comprehension of the properties of aqueous solutions.

129
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| 4

Animation
Solutions—strong, weak, and
nonelectrolytes.

Student Note: A substance that
dissolves in a particular solvent is
said to be “soluble” in that solvent.
In this chapter, we use the word
soluble to mean “water-soluble.”

Student Note: Bases may be molecular,
like ammonia (NHz), or ionic, like
sodium hydroxide (NaOH).

m General Properties of Aqueous Solutions

A solution is a homogeneous mixture of two or more substances [l4¢ Section 1.2]. Solutions may
be gaseous (such as air), solid (such as brass), or liquid (such as saltwater). Usually, the substance
present in the largest amount is referred to as the solvent and any substance present in a smaller
amount is called the solute. For example, if we dissolve a teaspoon of sugar in a glass of water,
water is the solvent and sugar is the solute. In this chapter, we will focus on the properties of
aqueous solutions—those in which water is the solvent. Throughout the remainder of this chap-
ter, unless otherwise noted, solution will refer specifically to an aqueous solution.

Electrolytes and Nonelectrolytes

You have probably heard of electrolytes in the context of sports drinks such as Gatorade. Elec-
trolytes in body fluids are necessary for the transmission of electrical impulses, which are critical
to physiological processes such as nerve impulses and muscle contractions. In general, an electrolyte
is a substance that dissolves in water to yield a solution that conducts electricity. By contrast,
a nonelectrolyte is a substance that dissolves in water to yield a solution that does not conduct
electricity. Every water-soluble substance fits into one of these two categories.

The difference between an aqueous solution that conducts electricity and one that does
not is the presence or absence of ions. As an illustration, consider solutions of sugar and salt.
The physical processes of sugar (sucrose, C;,H»0;,) dissolving in water and salt (sodium chloride,
NaCl) dissolving in water can be represented with the following chemical equations:

CoH2041(s) 29, C,Hx041(aq) and NaCl(s) 9, Na*(aq) + Cl (aq)

Note that while the sucrose molecules remain intact upon dissolving, becoming aqueous sucrose
molecules, the sodium chloride dissociates, producing aqueous sodium ions and aqueous chlo-
ride ions. Dissociation is the process by which an ionic compound, upon dissolution, breaks
apart into its constituent ions. It is the presence of ions that allows the solution of sodium
chloride to conduct electricity. Thus, sodium chloride is an electrolyte and sucrose is a
nonelectrolyte.

Like sucrose, which is a molecular compound [l Section 2.7], many water-soluble molec-
ular compounds are nonelectrolytes. Some molecular compounds are electrolytes, however,
because they ionize on dissolution. Ionization is the process by which a molecular compound
forms ions when it dissolves. Recall from Chapter 2 that acids are compounds that dissolve in
water to produce hydrogen ions (H) [k« Section 2.7]. HCI, for example, ionizes to produce H*
ions and ClI~ ions.

HCI(g) =22+ H*(ag) + Cl (aq)

Acids constitute one of two important classes of molecular compounds that are electrolytes.
Molecular bases constitute the other one. A base is a compound that dissolves in water to pro-
duce hydroxide ions (OH™). Ammonia (NH?), for example, ionizes in water to produce ammo-
nium (NH}) and hydroxide (OH") ions.

NH;(g) + H,O() === NHi(ag) + OH (aq)

Strong Electrolytes and Weak Electrolytes

In a solution of sodium chloride, all the dissolved compound exists in the form of ions. Thus,
NaCl, which is an ionic compound [l Section 2.6], is said to have dissociated completely. An
electrolyte that dissociates completely is known as a strong electrolyte. All water-soluble ionic
compounds dissociate completely upon dissolving, so all water-soluble ionic compounds are
strong electrolytes.

The list of molecular compounds that are strong electrolytes is fairly short. It comprises
the seven strong acids, which are listed in Table 4.1. A strong acid ionizes completely, resulting
in a solution that contains hydrogen ions and the corresponding anions but essentially no acid
molecules.

Most of the molecular compounds that are electrolytes are weak electrolytes. A weak
electrolyte is a compound that produces ions upon dissolving but exists in solution predominantly
as molecules that are not ionized. Most acids (except those listed in Table 4.1) are weak electrolytes.
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TABLE 4.1 The Strong Acids

Acid lonization Equation
Hydrochloric acid HCl(ag) —— H*(aq) + Cl (aq)
Hydrobromic acid HBr(ag) —— H'(aq) + Br (aq)

Hydroiodic acid Hl(aq) —— H*(aq) + I (aq)
Nitric acid HNO;(ag) —— H'(aq) + NO3(aq)
Chloric acid HClOs(aq) —— H*(ag) + ClO3(aq)
Perchloric acid HClO,(aq) —— H*(aq) + ClO4(aq)
Sulfuric acid* H,SO0,(ag) —— H*(aq) + HSO3(aq)

HSOj(ag) === H"(aq) + SO (aq)

*Note that although each sulfuric acid molecule has two ionizable hydrogen atoms, it only undergoes the first ionization completely,
effectively producing one H* ion and one HSO} ion per H,SO, molecule. The second ionization happens only to a very small extent.

Acetic acid (HC,H50,) is not one of the strong acids listed in Table 4.1, so it is a weak acid.
Its ionization in water is represented by the following chemical equation:

HC,H;0,()) == H'(aq) + C,H;0;(aq)

Note the use of the double arrow, <=, in this equation and in two earlier equations, including
one in Table 4.1. This denotes a reaction that occurs in both directions and does not result in
all the reactant(s) (e.g., acetic acid) being converted permanently to product(s) (e.g., hydrogen
ions and acetate ions). Instead, forward and reverse reactions both occur, and a state of dynamic
chemical equilibrium is established.

Although acetic acid molecules ionize, the resulting ions have a strong tendency to recom-
bine to form acetic acid molecules again. Eventually, the ions produced by the ionization will
be recombining at the same rate at which they are produced, and there will be no further change
in the numbers of acetic acid molecules, hydrogen ions, or acetate ions. Because there is a
stronger tendency for the ions to recombine than for the molecules to ionize, at any given point
in time, most of the dissolved acetic acid exists as molecules that are not ionized (reactant).
Only a very small percentage exists in the form of hydrogen ions and acetate ions (products).

The ionization of a weak base, while similar in many ways to the ionization of a weak
acid, requires some additional explanation. Ammonia (NHj3) is a common weak base. The ionization
of ammonia in water is represented by the equation

NH;(g) + H,O() == NHi(ag) + OH (aq)

Note that the ammonia molecule does not ionize by breaking apart into ions. Rather, it does so
by ionizing a water molecule. The H ion from a water molecule attaches to an ammonia mol-
ecule, producing an ammonium ion (NHJ}) and leaving what remains of the water molecule, the
OH™ ion, in solution.

+
)
-
Ao - B — L] @
- ) - - - \\
-
NH;(g) + H,O() — NH;(aq) + OH (aq)

As with the ionization of a weak acid, the reverse process predominates, and at any given point
in time there will be far more NH; molecules present than there will be NH} and OH™ ions.
We can distinguish between electrolytes and nonelectrolytes experimentally using an appa-
ratus like the one pictured in Figure 4.1. A lightbulb is connected to a battery using a circuit
that includes the contents of the beaker. For the bulb to light, electric current must flow from
one electrode to the other. Pure water is a very poor conductor of electricity because H,O ion-
izes to only an extremely small extent. There are virtually no ions in pure water to conduct the
current, so H,O is considered a nonelectrolyte. If we add a small amount of salt (sodium chloride),
however, the lightbulb will begin to glow as soon as the salt dissolves in the water. Sodium

Student Note: In a state of dynamic
chemical equilibrium, or simply
equilibrium, both forward and reverse
reactions continue to occur. However,
because they are occurring at the
same rate, no net change is observed
over time in the amounts of reactants
or products. Chemical equilibrium is
the subject of Chapters 15, 16, and 17.
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(a)

e —_— e —
To (+) To (-) To (+) To (-)
electrode electrode electrode electrode

(b) ©)

Figure 41 An apparatus for distinguishing between electrolytes and nonelectrolytes and between weak electrolytes and strong electrolytes.

A solution’s ability to conduct electricity depends on the number of ions it contains. (a) Pure water contains almost no ions and does not conduct
electricity; therefore, the lightbulb is not lit. (b) A weak electrolyte solution such as HF(ag) contains a small number of ions, and the lightbulb is dimly
lit. () A strong electrolyte solution such as NaCl(aq) contains a large number of ions, and the lightbulb is brightly lit. The molar amounts of dissolved
substances in the beakers in (b) and (c) are equal.

(a), (b), (c): ©McGraw-Hill Education/Stephen Frisch, photographer

® Student Hot Spot
Student data indicate you may struggle
with identifying electrolytes. Access the

eBook to view additional Learning
Resources on this topic.

chloride dissociates completely in water to give Na™ and Cl~ ions. Because the NaCl solution
conducts electricity, we say that NaCl is an electrolyte.

If the solution contains a nonelectrolyte, as it does in Figure 4.1(a), the bulb will not light.
If the solution contains an electrolyte, as it does in Figure 4.1(b) and (c), the bulb will light.
The cations in solution are attracted to the negative electrode, and the anions are attracted to
the positive electrode. This movement sets up an electric current that is equivalent to the flow
of electrons along a metal wire. How brightly the bulb burns depends upon the number of ions
in solution. In Figure 4.1(b), the solution contains a weak electrolyte and therefore a relatively
small number of ions, so the bulb lights only weakly. The solution in Figure 4.1(c) contains a
strong electrolyte, which produces a relatively large number of ions, so the bulb lights brightly.

Identifying Electrolytes

While the experimental method described in Figure 4.1 can be useful, often you will have to char-
acterize a compound as a nonelectrolyte, a weak electrolyte, or a strong electrolyte just by looking
at its formula. A good first step is to determine whether the compound is ionic or molecular.

An ionic compound contains a cation (which is either a metal ion or the ammonium ion)
and an anion (which may be atomic or polyatomic). A binary compound that contains a metal
and a nonmetal is almost always ionic. This is a good time to review the polyatomic anions in
Table 2.3 [l«¢ Section 2.6]. You will need to be able to recognize them in the formulas of com-
pounds. Any ionic compound that dissolves in water is a strong electrolyte.

If a compound does not contain a metal cation or the ammonium cation, it is molecular. In
this case, you will need to determine whether or not the compound is an acid. Acids generally can
be recognized by the way their formulas are written, with the ionizable hydrogens written first.
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HGC,H;0,, H,COs, and H3PO, are acetic acid, carbonic acid, and phosphoric
acid, respectively. Formulas of carboxylic acids, such as acetic acid, often are
written with their ionizable hydrogen atoms last to keep the functional group
together in the formula. Thus, either HC,H;0, or CH;COOH is correct for
acetic acid. To make it easier to identify compounds as acids, in this chapter
we write all acid formulas with the ionizable H atom(s) first. If a compound
is an acid, it is an electrolyte. If it is one of the acids listed in Table 4.1, it is
a strong acid and therefore a strong electrolyte. Any acid not listed in
Table 4.1 is a weak acid and therefore a weak electrolyte.

If a molecular compound is not an acid, you must then consider
whether or not it is a weak base. Many weak bases are related to ammonia
in that they consist of a nitrogen atom bonded to hydrogen and/or carbon
atoms. Examples include methylamine (CH3;NH,), pyridine (CsHsN), and
hydroxylamine (NH,OH). Weak bases are weak electrolytes.

If a molecular compound is neither an acid nor a weak base, it is a
nonelectrolyte. The flowchart in Figure 4.2 can be useful for classification
of water-soluble compounds.

Sample Problem 4.1 lets you practice using chemical formulas to clas-
sify compounds as electrolytes and nonelectrolytes.

SAMPLE PROBLEM
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Is the compound ionic or molecular?

L U

Molecular The compound is a
strong electrolyte.
Is it an acid, a base, or neither?
Base Neither

The compound is a
weak electrolyte.

Acid

The compound is a
nonelectrolyte.

Is it one of the seven strong acids listed in Table 4.1?
Ye7 Qo

The compound is a
strong electrolyte.

The compound is a
weak electrolyte.

Figure 4.2 Flowchart for determining if a compound is a

strong electrolyte, a weak electrolyte, or a nonelectrolyte.

Classity each of the following compounds as a nonelectrolyte, a weak electrolyte, or a strong electrolyte: (a) methanol (CH;0H), (b) sodium

hydroxide (NaOH), (c) ethylamine (C,HsNH,), and (d) hydrofluoric acid (HF).

Strategy Classify each compound as ionic or molecular. Soluble ionic compounds are strong electrolytes. Classify each molecular compound
as an acid, base, or neither. Molecular compounds that are neither acids nor bases are nonelectrolytes. Molecular compounds that are bases are
weak electrolytes. Finally, classify acids as either strong or weak. Strong acids are strong electrolytes, and weak acids are weak electrolytes.

Setup (a) Methanol contains neither a metal cation nor the ammonium ion. It is therefore molecular. Its formula does not begin with H, so it
is probably not an acid, and it does not contain a nitrogen atom, so it is not a weak base. Molecular compounds that are neither acids nor bases
are nonelectrolytes. (b) Sodium hydroxide contains a metal cation (Na*) and is therefore ionic. It is also one of the strong bases. (c) Ethylamine
contains no cations and is therefore molecular. It is also a nitrogen-containing base, similar to ammonia. (d) Hydrofluoric acid is, as its name

suggests, an acid. However, it is not on the list of strong acids in Table 4.1 and is, therefore, a weak acid.

Solution (a) Nonelectrolyte (b) Strong electrolyte (c) Weak electrolyte (d) Weak electrolyte

THINK ABOUT IT

Make sure that you have correctly identified compounds that are ionic and compounds that are molecular. Remember that strong acids
are strong electrolytes, weak acids and weak bases are weak electrolytes, and strong bases are strong electrolytes (by virtue of their
being soluble ionic compounds). Molecular compounds, with the exceptions of acids and weak bases, are nonelectrolytes.

Practice Problem QTTEM PT Identify the following compounds as nonelectrolytes, weak electrolytes, or strong electrolytes: ethanol
(C,Hs0OH), nitrous acid (HNO,), and sodium hydrogen carbonate (NaHCO3, also known as bicarbonate).

Practice Problem GU ILD Identify the following compounds as nonelectrolytes, weak electrolytes, or strong electrolytes: phosphorous
acid (H;PO;), hydrogen peroxide (H,0,), and ammonium sulfate [(NHy4),SO,].

Practice Problem GONCE PTUALIZE Determine which diagram, if any, could represent an aqueous solution of each of the following
compounds: LiCl, CuSO,, K,SO,, H,CO;, Al,(SOy)3;, AlCl;, NazPO,. (Red and blue spheres represent different chemical species.)

O’o “O ‘
@ @ o o' o |o o 000‘
Y - ° ° o °co‘.°o
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9 Pllo _o00||®g00 4 Jo

@ (i) (iii) (iv)
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CHECKPOINT — SECTION 41 General Properties of Aqueous Solutions

4141  Soluble ionic compounds are . 41.3 Which of the following compounds is a weak electrolyte?
a) always nonelectrolytes a) LiCl
b) always weak electrolytes b) (C,Hs),NH
c) always strong electrolytes c¢) KNO;
d) never strong electrolytes d) Nal
e) sometimes nonelectrolytes e) HNO;
41.2 Soluble molecular compounds are . 41.4 Which of the following compounds is a strong electrolyte?
a) always nonelectrolytes a) HF
b) always weak electrolytes b) H,CO;
c) always strong electrolytes ¢) NaF
d) never strong electrolytes d) NH;
e) sometimes strong electrolytes e) H,O

m Precipitation Reactions

When an aqueous solution of lead(Il) nitrate [Pb(NOs),] is added to an aqueous solution of
sodium iodide (Nal), a yellow insoluble solid—Ilead(Il) iodide (Pbl,)—forms. Sodium nitrate
(NaNO;), the other reaction product, remains in solution. Figure 4.3 shows this reaction in
progress. An insoluble solid product that separates from a solution is called a precipitate, and
a chemical reaction in which a precipitate forms is called a precipitation reaction.

The addition of
a colorless
Nal(ag) solution...
to a colorless Pb(NO3),(ag) solution... produces Pbl,(s), a yellow precipitate. .. which settles out of solution.
The remaining solution contains
Na* and NO3 ions.

Figure 4.3 A colorless aqueous solution of Nal is added to a colorless aqueous solution of Pb(NOs),. A yellow precipitate, Pbl,, forms. Na* and
NO3 ions remain in solution.
Photos: ©McGraw-Hill Education/Charles D. Winters, photographer



SECTION 4.2 Precipitation Reactions 135

Precipitation reactions usually involve ionic compounds, but a precipitate does not form
every time two solutions of electrolytes are combined. Instead, whether or not a precipitate forms
when two solutions are mixed depends on the solubility of the products.

Solubility Guidelines for lonic Compounds in Water

When an ionic substance such as sodium chloride dissolves in water, the water molecules
remove individual ions from the three-dimensional solid structure and surround them. This
process, called hydration, is shown in Figure 4.4. Water is an excellent solvent for ionic
compounds because H,O is a polar molecule; that is, its electrons are distributed such that
there is a partial negative charge on the oxygen atom, denoted by the §— symbol, and partial
positive charges, denoted by the 8+ symbol, on each of the hydrogen atoms. The oxygen atoms
in the surrounding water molecules are attracted to the cations, while the hydrogen atoms are
attracted to the anions. These attractions explain the orientation of water molecules around
each of the ions in solution. The surrounding water molecules prevent the cations and anions
from recombining.

Solubility is defined as the maximum amount of solute that will dissolve in a given quan-
tity of solvent at a specific temperature. Not all ionic compounds dissolve in water. Whether or
not an ionic compound is water-soluble depends on the relative magnitudes of the water mol-
ecules’ attraction to the ions, and the ions’ attraction to one another. If the water molecules’
attraction for the ions exceeds the ions’ attraction to one another, then the ionic compound will
dissolve. If the ions’ attraction to each other exceeds the water molecules’ attraction to the ions,
then the compound won’t dissolve. We explain more about the magnitudes of attractive forces
in ionic compounds in Chapter 8, but for now it is useful to learn some guidelines that enable
us to predict the solubility of ionic compounds. Table 4.2 lists groups of compounds that are
soluble and shows the insoluble exceptions. Table 4.3 lists groups of compounds that are insoluble
and shows the soluble exceptions.

TABLE 4.2 | Solubility Guidelines: Soluble Compounds

Water-Soluble Compounds Insoluble Exceptions

Compounds containing an alkali metal cation (Li*,
Na*, K*, Rb", Cs*) or the ammonium ion (NHY)

Compounds containing the nitrate ion (NO3),
acetate ion (C,H505), or chlorate ion (C1O3)

Compounds containing the chloride ion (CI7), Compounds containing Ag™, Hg3",
bromide ion (Br™), or iodide ion (I7) or Pb**
Compounds containing the sulfate ion (SO3") Compounds containing Ag*, Hg3",

Pb>*, Ca*t, Sr**, or Ba**

| 4

Animation
Precipitation of BaSO,.

Student Note: The partial charges on
the oxygen atom and the hydrogen
atoms sum to zero. Water molecules,
although polar, have no net charge.
Chapters 8 and 9 cover partial
charges and molecular polarity in
more detail.

Figure 4.4 Hydration of anions and
cations of a soluble ionic compound.
Water molecules surround each anion
with their partial positive charges

(H atoms) oriented toward the
negatively charged anion; and they
surround each cation with their partial
negative charges (O atoms) oriented
toward the positively charged cation.

Student Note: lonic compounds often
are classified according to the anions
they contain. Compounds that contain
the chloride ion are called chlorides,
compounds containing the nitrate ion
are called nitrates, and so on.
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e e 0 e TABLE 4.3 | Solubility Guidelines: Insoluble Compounds

of the same three groups of ions in

) ) Water-Insoluble Compounds Soluble Exceptions
the exceptions columns in Tables 4.2
Elie) 4128 ERUE A O Qe Sllineiilm Compounds containing the carbonate ion (CO3"), phosphate Compounds containing Li™,
cation; Ag”, Hg3", or Pb™™ and the ion (PO3"), chromate ion (CrO3"), or sulfide ion (S*7) Na*, K*, Rb", Cs*, or NH}
heavier Group 2A cations.
Compounds containing the hydroxide ion (OH™) Compounds containing Li™,

Na®, K*, Rb™, Cs™, or Ba®**

Sample Problem 4.2 gives you some practice applying the solubility guidelines.

SAMPLE PROBLEM

Classify each of the following compounds as soluble or insoluble in water: (a) AgNOs3, (b) CaSO,, (c) K,COs.
Strategy Use the guidelines in Tables 4.2 and 4.3 to determine whether or not each compound is expected to be water-soluble.

Setup (a) AgNO; contains the nitrate ion (NO3). According to Table 4.2, all compounds containing the nitrate ion are soluble. (b) CaSO,
contains the sulfate ion (SO37). According to Table 4.2, compounds containing the sulfate ion are soluble unless the cation is Ag", Hgs*, Pb*,
Ca**, Sr**, or Ba®*. Thus, the Ca®" ion is one of the insoluble exceptions. (c) K,CO; contains an alkali metal cation (K*) for which, according
to Table 4.2, there are no insoluble exceptions. Alternatively, Table 4.3 shows that most compounds containing the carbonate ion (CO3") are
insoluble—but compounds containing a Group 1A cation such as K* are soluble exceptions.

Solution (a) soluble, (b) insoluble, (c¢) soluble

THINK ABOUT IT

Check the ions in each compound against the information in Tables 4.2 and 4.3 to confirm that you have drawn the right conclusions.

Practice Problem QTTEMPT Classify each of the following compounds as soluble or insoluble in water: (a) PbCl,, (b) (NH,);POy,,
(c) Fe(OH)s.

Practice Problem GUILD Classify each of the following compounds as soluble or insoluble in water: (a) MgBr,, (b) Caz(PO,),, (¢) KCIOs.

Practice Problem GONCEPT UALIZE Using Tables 4.2 and 4.3, identify a compound that will cause precipitation of two different
insoluble ionic compounds when an aqueous solution of it is added to an aqueous solution of iron(IIl) sulfate.

Molecular Equations

The reaction shown in Figure 4.3 can be represented with the chemical equation
Pb(NOs),(ag) + 2Nal(ag) —— 2NaNOs(ag) + Pbl,(s)

Based on this chemical equation, the metal cations seem to exchange anions. That is, the Pb>* ion,
Student Note: Reactions in which ori.ginall){ paired Yvi.th NOj ions, en.ds up paired with_I_ ions; s.imilarly,. each Na+.ion, o.riginally
compounds exchange ions are paired with an I” ion, ends up paired with an NO3 ion. This equation, as written, is called
sometimes called metathesis or a molecular equation, which is a chemical equation written with all compounds represented
double replacement reactions. . . . . P .

by their chemical formulas, making it look as though they exist in solution as molecules or

formula units.

You now know enough chemistry to predict the products of this type of chemical reaction!

Simply write the formulas for the reactants, and then write formulas for the compounds that

would form if the cations in the reactants were to trade anions. For example, if you want to

write the equation for the reaction that occurs when solutions of sodium sulfate and barium

hydroxide are combined, you would first write the formulas of the reactants [l«¢ Section 2.6]:

Na,SO4(ag) + Ba(OH),(ag) ——

Then you would write the formula for one product by combining the cation from the first reactant
(Na*) with the anion from the second (OH™); and write the formula for the other product by
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combining the cation from the second reactant (Ba2+) with the anion from the first (SO?C). Thus,
the equation is

Na,S04(aq) + Ba(OH),(ag) —— 2NaOH + BaSO,

Although we have balanced the equation [l4¢ Section 3.3], we have not yet put phases in paren-
theses for the products.

The final step in predicting the outcome of such a reaction is to determine which of the
products, if any, will precipitate from solution. We do this using the solubility guidelines for ionic
compounds (Tables 4.2 and 4.3). The first product (NaOH) contains a Group 1A cation (Na*)
and will therefore be soluble. We indicate its phase as (aq). The second product (BaSO,) contains
the sulfate ion (SO3). Sulfate compounds are soluble unless the cation is Ag*, Hg3", Pb**, Ca®",
Sr**, or Ba®*. BaSO, is therefore insoluble and will precipitate. We indicate its phase as (s):

Na,S0,(ag) + Ba(OH),(ag) —— 2NaOH(ag) + BaSO,(s)

lonic Equations

Although molecular equations are useful, especially from the standpoint of knowing which solu-
tions to combine in the laboratory, they are in a sense unrealistic. Soluble ionic compounds are
strong electrolytes [l44 Section 4.1]. As such, they exist in solution as hydrated ions, rather than
as formula units. Thus, it would be more realistic to represent the aqueous species in the reac-
tion of Na,SO,4(aq) with Ba(OH),(aq) as follows:

Na,SO,(ag) — 2Na*(aq) + SO7 (aq)
Ba(OH),(ag) — Ba**(ag) + 20H (aq)
NaOH(ag) —— Na*(ag) + OH (aq)

If we were to rewrite the equation, representing the dissolved compounds as hydrated ions, it
would be

2Na*(ag) + SO7 (ag) + Ba**(ag) + 20H (ag) —— 2Na'(ag) + 20H (aq) + BaSO,(s)

This version of the equation is called an ionic equation, a chemical equation in which any
compound that exists completely or predominantly as ions in solution is represented as those
ions. Species that are insoluble or that exist in solution completely or predominantly as mole-
cules are represented with their chemical formulas, as they were in the molecular equation.

Net lonic Equations

Na*(ag) and OH (aq) both appear as reactants and products in the ionic equation for the reac-
tion of Na,SO4(ag) with Ba(OH),(aq). lons that appear on both sides of the equation arrow are
called spectator ions because they do not participate in the reaction. Spectator ions cancel one
another, just as identical terms on both sides of an algebraic equation cancel one another, so we
need not show spectator ions in chemical equations.

2Nattag) + SO (aq) + Ba**(aq) + 20H~(ug) —— 2Na'(ug) + 20H~(ug) + BaSO,(s)
Eliminating the spectator ions yields the following equation:
Ba**(ag) + SO7 (ag) —— BaSO,(s)

This version of the equation is called a ret ionic equation, which is a chemical equation that includes
only the species that are actually involved in the reaction. The net ionic equation, in effect, tells us
what actually happens when we combine solutions of sodium sulfate and barium hydroxide.

The steps necessary to determine the molecular, ionic, and net ionic equations for a pre-
cipitation reaction are as follows:

1. Write and balance the molecular equation, predicting the products by assuming that the
cations trade anions.

2. Write the ionic equation by separating strong electrolytes into their constituent ions.

3. Write the net ionic equation by identifying and canceling spectator ions on both sides of
the equation.

If both products of a reaction are strong electrolytes, all the ions in solution are spectator ions.
In this case, there is no net ionic equation and no reaction takes place.

Student Note: Although the reactants
may be written in either order in the
net ionic equation, it is common for
the cation to be shown first and the
anion second.

@ Student Hot Spot
Student data indicate you may struggle
with precipitation reactions. Access the

eBook to view additional Learning
Resources on this topic.
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Sample Problem 4.3 illustrates the stepwise determination of molecular, ionic, and net
ionic equations.

SAMPLE PROBLEM

Write the molecular, ionic, and net ionic equations for the reaction that occurs when aqueous solutions of lead acetate [Pb(C,H50,),] and
calcium chloride (CaCl,) are combined.

Strategy Predict the products by exchanging ions and balance the equation. Determine which product will precipitate based on the solubility
guidelines in Tables 4.2 and 4.3. Rewrite the equation showing strong electrolytes as ions. Identify and cancel spectator ions.

Setup The products of the reaction are PbCl, and Ca(C,H30,),. PbCl, is insoluble, because Pb>* is one of the insoluble exceptions for
chlorides, which are generally soluble. Ca(C,H;0,), is soluble because all acetates are soluble.

Solution Molecular equation:
Pb(C,H30,)5(aq) + CaCly(ag) ——— PbCly(s) + Ca(C,H30,)1(aq)
Ionic equation:
Pb>*(aq) + 2C,H;03(ag) + Ca’(ag) + 2C1 (ag) —— PbCly(s) + Ca**(ag) + 2C,H;05(aq)
Net ionic equation:

Pb**(ag) + 2C1~(ag) —> PbCly(s)

THINK ABOUT IT

Remember that the charges on ions in a compound must sum to zero. Make sure that you have written correct formulas for the products
and that each of the equations you have written is balanced. If you find that you are having trouble balancing an equation, check to
make sure you have correct formulas for the products.

Practice Problem QTTEMPT Write the molecular, ionic, and net ionic equations for the combination of Sr(NOj;),(ag) and Li,SO4(ag).
Practice Problem GUILD Write the molecular, ionic, and net ionic equations for the combination of KNOs(ag) and BaCly(ag).

Practice Problem GONCEPT UALIZE Which diagram best represents the result when equal volumes of equal-concentration aqueous
solutions of barium nitrate and potassium phosphate are combined?

POj"= 0 Ba®*=) NO;=@ K'=@
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CHECKPOINT — SECTION 4.2 Precipitation Reactions

4.21 Which of the following are water-soluble? (Choose all that 4.2.2 Which of the following are water-insoluble? (Choose all
apply.) that apply.)
a) Na,S a) Ag,CrO,
b) Ba(C,H;0,), b) Li,CO4
c) CaCOs ¢) Ca3(POy),
d) CuBr, d) BaSO,

e) H 2C12 e) ZHC12
g
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4.2.3 What are the spectator ions in the ionic equation for the 4.2.6 Which reaction is represented by the net ionic equation
combination of Li,COs(ag) and Ba(OH),(ag)? for the combination of aqueous solutions of LiNO; and
a) CO> and OH™ d) Ba>* and OH" NaG,H;0,?
b) Li* and OH™ e) Ba®* and CO3~ Lit= ) NOos=@ Nat=Q GCH0;=@
¢) Lit and Ba**

4.2.4 Select the correct net ionic equation for the combination 9 (& v o
of Fe(NO;)2(ag) and Na,COs(aq). (@) o —

a) Na*(ag) + CO3 (ag) — NaCOs(s)

b) Fe**(ag) + CO3 (ag) ——> FeCOs(s)

¢) 2Na*(aq) + CO% (ag) ——> Na,CO5(s) (b) @
d) Fe**(aq) + 2NO3(ag) —— Fe(NO;)y(s)

e) Na*(aq) + NO3(ag) —> NaNOs(s)

4.2.5 Which reaction is represented by the net ionic equation (©) W
for the combination of aqueous solutions of LiOH and
Cu(NO3)2?
Lit=) OH = @ = @ NO;= @ 9
9 @ 0
)

(a) o = o + o o 0 — J - ) 0

o

® -

o -@
J Jo

(e) There is no net ionic equation. No reaction occurs.
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(e) There is no net ionic equation. No reaction occurs.

m Acid-Base Reactions

Another type of reaction occurs when two solutions, one containing an acid and one containing
a base, are combined. We frequently encounter acids and bases in everyday life (Figure 4.5).
Ascorbic acid, for instance, is also known as vitamin C; acetic acid is the component responsible
for the sour taste and characteristic smell of vinegar; and hydrochloric acid is the acid in muriatic
acid and is also the principal ingredient in gastric juice (stomach acid). Ammonia, found in
many cleaning products, and sodium hydroxide, found in drain cleaner, are common bases.
Acid-base chemistry is extremely important to biological processes. Let’s look again at the
properties of acids and bases, and then look at acid-base reactions.

Strong Acids and Bases

As we saw in Section 4.1, the seven strong acids—those that ionize completely in solution—are listed
in Table 4.1. All other acids are weak acids. The strong bases are the hydroxides of Group 1A and
heavy Group 2A metals. These are soluble ionic compounds, which dissociate completely and exist
entirely as ions in solution. Thus, both strong acids and strong bases are strong electrolytes.
Table 4.4 lists the strong acids and strong bases. It is important that you know these compounds.

Animation

Acids and bases—dissociation
of strong and weak acids.
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Student Note: Although three of the
Group 2A hydroxides [Ca(OH),,
Sr(OH),, and Ba(OH),] are typically
classified as strong bases, only
Ba(OH), is sufficiently soluble to be
used commonly in the laboratory.
For any ionic compound, what does
dissolve—even if it is only a tiny
amount—dissociates completely.

Wi znd SUV owners:
‘s de VEHICULOS UTILITARIOS

dtsulledo
VINEGAR

251,07 (1 OT) 946

Figure 4.5 Some common acids and bases. From left to right: Sodium hydroxide (NaOH), ascorbic
acid (CgHgOg or, with its ionizable hydrogens written first, H,CgHgOg), hydrochloric acid (HCI), acetic acid
(HC,H30,), and ammonia (NHs). HCl and NaOH are both strong electrolytes and exist in solution entirely
as ions. Water molecules are not shown.

©David A. Tietz/Editorial Image, LLC

TABLE 4.4 | Strong Acids and Strong Bases

Strong Acids Strong Bases
HCI LiOH
HBr NaOH

HI KOH
HNO;, RbOH
HCIO; CsOH
HCIO, Ca(OH),
H,SO, Sr(OH),

Ba(OH),

Bronsted Acids and Bases

In Section 2.7, we defined an acid as a substance that ionizes in water to produce H* ions, and
a base as a substance that ionizes (or dissociates, in the case of an ionic base) in water to pro-
duce OH™ ions. These definitions are attributed to the Swedish chemist Svante Arrhenius.'
Although the Arrhenius acid and Arrhenius base definitions are useful, they are restricted to

1. Svante August Arrhenius (1859-1927). Swedish chemist. Arrhenius made important contributions to the study of chemical kinetics
and electrolyte solutions. (He also speculated that life had come to Earth from other planets.) Arrhenius was awarded the Nobel Prize
in Chemistry in 1903.
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the behavior of compounds in aqueous solution. More inclusive definitions were proposed by
the Danish chemist Johannes Brgnsted” in 1932. A Brgnsted acid is a proton donor, and a
Brognsted base is a proton acceptor. In this context, the word proton refers to a hydrogen atom
that has lost its electron—also known as a hydrogen ion (H"). The H atom consists of a proton
and an electron. When the electron is lost, all that remains is the proton—hence the use of the
term proton in this context. Consider the ionization of the weak base ammonia (NH;).

NH;(aq) + H,O(/) == NHi(ag) + OH (aq)

This equation shows that NH; is a base in the Arrhenius sense; that is, it produces OH™ in
solution. It is also a base in the Brgnsted sense because it accepts a proton (H) from the water
molecule to become the ammonium ion (NHZ).

+ -

A @ — 3 @
+ —>H‘+

A o -

NHj;(aq) + H,O() ——= NH}(aq) + OH (aq)
Now consider the ionization of hydrofluoric acid (HF), a weak acid.
HF(aq) == H'(aq) + F (aq)

HF is an acid in the Arrhenius sense because it produces H" in solution. It is also an acid in
the Brgnsted sense because it donates a proton to the aqueous solution. An aqueous proton (H'),
however, does not exist as an isolated species in solution. Rather, it is hydrated just as other
aqueous ions are [l44 Section 4.2]. The proton, being positively charged, is strongly attracted to
the partial negative charge on the oxygen atom in a water molecule. Thus, it is convenient and
more realistic for us to represent the ionization of HF with the equation

HF(aq) + H,0(l) == H;0"(aq) + F (aq)

where we include the water molecule to which the proton becomes attached, both before and
after the ionization. (We could show H;O* as H,O - H" to emphasize that it is a water molecule
attached to a proton.) With the equation written this way, we show that HF donates a proton to
H,0, thus converting the H,O molecule to the hydronium ion (H;0™).

+ U
@ =9 P
A <
b

HF(aq) + H,0()) —— H;0%(ag) + F(aq)

Both H" and H;O™ are used in chemical equations throughout the text. You should be aware
that they refer to the same aqueous species.

The Brgnsted definitions of acids and bases are not restricted to species in aqueous solu-
tion. In fact, Brgnsted acid-base reactions sometimes take place in the gas phase. For example,
in the reaction between HCI and NH; gases, HCI acts as the Brgnsted acid, donating its proton
to NHj, which, by accepting the proton, acts as a Brgnsted base. The products of this proton
transfer are the chloride ion C1~ and the ammonium ion (NHJ), which subsequently combine to
form the ionic solid ammonium chloride.

HCl(g) + NH;(g) —— NH,CI(s)

Most of the strong acids are monoprotic acids, meaning that each acid molecule has one proton
to donate. One of the strong acids, H,SO,, is a diprotic acid, meaning that each acid molecule
has two protons that it can donate. Other diprotic acids include oxalic acid (H,C,0,) and carbonic
acid (H,COs,. There are also triprotic acids, those with three protons, although they are relatively
less common than mono- or diprotic acids. Examples include phosphoric acid (H;PO,, and citric
acid (H;C¢HsO;). In general, acids with more than one proton are called polyprotic acids.

Of the polyprotic acids, only sulfuric acid is a strong acid. Recall from Table 4.1, though,
that H,SO, is strong only in its first ionization in water. Although H,SO, ionizes completely to

2. Johannes Nicolaus Brgnsted (1879-1947). Danish chemist. In addition to his theory of acids and bases, Brgnsted worked on
thermodynamics and the separation of mercury into its isotopes. In some books, Brgnsted acids and bases are called Brgnsted-Lowry
acids and bases. Thomas Martin Lowry (1874-1936). English chemist. Brgnsted and Lowry developed essentially the same acid-base
theory independently in 1923.

Student Note: In reality, aqueous
protons are surrounded by water
molecules, just as other ions are.

We use H;0" in chemical equations,
showing just one of the water
molecules involved, to emphasize that
the proton is hydrated in solution.
The terms and symbols hydrogen
ion, proton, hydronium ion, H*, and
H;O™ all refer to the same aqueous
species and are used interchangeably.



Student Note: These relative
concentrations are true only in an
aqueous solution of phosphoric acid
that contains no other dissolved
compounds. We look in detail at

how to determine concentrations in
aqueous solutions of polyprotic acids
in Chapter 16.
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yield H* and HSOj, the subsequent ionization of the hydrogen sulfate ion (HSO}) happens only
to a very small extent. Note the single and double arrows in the following two equations.

H,S0,(aq) — H*(ag) + HSOj(aq)
HSO3(ag) === H*(aq) + SO7 (aq)

For all other polyprotic acids, each ionization is incomplete and is represented by an equation with
a double arrow. The first, second, and third ionizations of phosphoric acid are represented as

H;PO4(aq) == H*(aqg) + H,PO3(aq)
H,PO;(ag) == H*(ag) + HPO] (aq)
HPOZ (aqg) === H*(ag) + PO} (aq)

Some of each of the species shown is present in a solution of phosphoric acid. Because each
successive ionization happens to a smaller and smaller extent, the relative concentrations of
species in solution are as follows:

[H;PO,] > [H*] ~ [H,PO;] > [HPO3 ] > [PO;]

Just as some acids produce more than one H* ion, some strong bases produce more than
one OH™ ion. Barium hydroxide, for example, dissociates to produce 2 moles of hydroxide ion
for every mole of Ba(OH), dissolved.

Ba(OH),(s) 22> Ba*(aq) + 20H (aq)

Compounds such as this are referred to as dibasic bases, indicating that they produce 2 moles
of hydroxide per mole of compound. Those that produce only 1 mole of hydroxide per mole of
compound, such as NaOH, are called monobasic bases.

Acid-Base Neutralization

A neutralization reaction is a reaction between an acid and a base. In general, an aqueous acid-
base reaction produces water and a salt, which is an ionic compound made up of the cation

from a base and the anion from an acid. [A compound in which the anion is oxide (0*) or
hydroxide (OH™) is not considered a salt.] The substance we know as table salt, NaCl, is a
familiar example. It is a product of the following acid-base reaction:

Animation
Acids and bases—neutralization
reaction of NaOH and HCI.

Student Note: Acid-base neutralization
reactions, like precipitation reactions
[l44 Section 4.2], are metathesis
reactions, where two species
exchange ions.

HCl(aq) + NaOH(aqg) —— H,0(l) + NaCl(aq)

However, because the acid, base, and salt are all strong electrolytes, they exist entirely as ions
in solution. The ionic equation is

H*(aq) + Cl™(ag) + Na*(ag) + OH (ag) —— H,0() + Na*(ag) + Cl (aq)
The net ionic equation is
H*(ag) + OH (ag) —— H,O(])

Both Na* and CI™ are spectator ions. If we were to carry out the preceding reaction using stoi-
chiometric amounts [l Section 3.6] of HCI and NaOH, the result would be neutral saltwater
with no leftover acid or base.

The following are also examples of acid-base neutralization reactions, represented by
molecular equations:

HNOj(ag) + KOH(aq) —— H,0(l) + KNO;(aq)
H,SO4(ag) + 2NaOH(ag) —— 2H,0(/) + Na,SOy(aq)
2HC,H;0,(aq) + Ba(OH),(ag) —— 2H,0()) + Ba(C,H;0,):(aq)

HCl(aq) + NH;(aq) —— NH,Cl(aq)

The last equation looks different because it does not show water as a product. Recall, however,
that NH;(aq) ionizes to give NHZ (ag) and OH (aq). If we include these two species as reactants
in place of NHs(ag), the equation becomes

HCl(ag) + NHZ(ag) + OH (ag) —— H,0(l) + NH,Cl(aq)

Sample Problem 4.4 involves an acid-base neutralization reaction.
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SAMPLE PROBLEM

Milk of magnesia, an over-the-counter laxative, is a mixture of magnesium hydroxide [Mg(OH),] and water. Because Mg(OH), is insoluble in
water (see Table 4.3), milk of magnesia is a suspension rather than a solution. The undissolved solid is responsible for the milky appearance of
the product. When acid such as HCI is added to milk of magnesia, the suspended Mg(OH), dissolves, and the result is a clear, colorless solution.
Write and balance the molecular equation, and then give the ionic and net ionic equations for this reaction.

Student Note: Most suspended solids
will settle to the bottom of the bottle,
making it necessary to “shake well
before using.” Shaking redistributes
the solid throughout the liquid.

(a) Milk of magnesia (b) Addition of HCI (c) Resulting clear solution
(a), (b), (c): ©McGraw-Hill Education/Charles D. Winters, photographer
Strategy Determine the products of the reaction; then write and balance the equation. Remember that one of the reactants, Mg(OH),, is a
solid. Identify any strong electrolytes and rewrite the equation showing strong electrolytes as ions. Identify and cancel the spectator ions.

Setup Because this is an acid-base neutralization reaction, one of the products is water. The other product is a salt comprising the cation from the base,
Mg2+, and the anion from the acid, C1”. For the formula to be neutral, these ions combine in a 1:2 ratio, giving MgCl, as the formula of the salt.

Solution
Mg(OH),(s) + 2HCl(ag) —— 2H,0(l) + MgCly(aq)

Of the species in the molecular equation, only HCI and MgCl, are strong electrolytes. Therefore, the ionic equation is
Mg(OH),(s) + 2H*(ag) + 2Cl~(aq) —> 2H,0(]) + Mg**(ag) + 2Cl (aq)
CI” is the only spectator ion. The net ionic equation is
Mg(OH),(s) + 2H"(ag) —— 2H,0() + Mg™(aq)

THINK ABOUT IT

Make sure your equation is balanced and that you only show strong electrolytes as ions. Mg(OH), is not shown as aqueous ions
because it is insoluble.

Practice Problem GTTEMPT Write and balance the molecular equation and then give the ionic and net ionic equations for the
neutralization reaction between Ba(OH),(ag) and HF(agq).

Practice Problem BUILD Write and balance the molecular equation and then give the ionic and net ionic equations for the neutralization
reaction between NHj(ag) and H,SOy4(aq).

Practice Problem GONC EPTUALIZE Which diagram best represents the ions remaining in solution after stoichiometric amounts of
aqueous barium hydroxide and hydrobromic acid are combined?

OH =@ Ba*=@ H'=., Br=@

) 2® @ o " ® o o o ©
o
® . " & : ] @ ] -
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CHECKPOINT — SECTION 4.3 Acid-Base Reactions

4.31 Identify the Brgnsted acid in the following equation: Use the following diagrams to answer Checkpoint questions 4.3.5

and 4.3.6.
H,SO04(aq) + 2NH3(ag) — (NH,),504(aq)

OH =@ Ba =@ Hf= 0 Cl-=@

a) HySO4(aq) d) (NH,),SO4
b) NHj(aq) e) This equation does not
¢) H,0() contain a Brgnsted acid. » s e P ) @ & o °
4.3.2 Identify the Brgnsted base in the following equation: ® " ® ® ° o ® . (]
HCl(aqg) + NO3(aq) —— HNO»(aq) + Cl (aq) ° o °v) ) 0. J‘
a) HCl(aq) d) Cl(agq) o & o P , °
b) NOz(aq) ¢) H,0() @ o
¢) HNOy(agq)
4.3.3 Which of the following is the correct net ionic equation ) @ ) PS o
for the reaction of H,SO, and KOH? ® P ) -
a) Hy(aq) + 20H (aq) —— 2H,0(]) ° ) @ 9 P °
b) 2H*(aq) + 20H (ag) —— 2H,0(0) ° "] Y - )
¢) 2H*(ag) + OH (ag) —— H,0(l) & . & ° o © )
d) H,SO4(aq) + 20H (ag) — 2H,0(l) + SO7 (aq) o(c) @

e) H'(ag) + HSOZ(aq) + 20H (aq) ——>

2H,0() + SO3 (aq)
: s 4.3.5 Which diagram best represents the ions remaining in

4.3.4 Which of the following is the correct net ionic equation solution when equimolar amounts of aqueous barium
for the reaction of HF and LiOH? hydroxide and hydrochloric acid are combined?

a) HF(aq) + LiOH(aq) H,0(aq) + LiF(aq) 4.3.6 Which diagram best represents the ions remaining in
b) H'(aq) + F (ag) + Li*(ag) + OH (aq) —— solution when stoichiometric amounts of aqueous barium
H,0(aq) + Li*(ag) + F (aq) hydroxide and hydrochloric acid are combined?

¢) H*(ag) + OH (ag) —— H,0())
d) HF(aq) + OH (ag) —— H,O() + F (aq)

e) H*(ag) + Li*(ag) + OH (ag) ——
H,O(l) + Li*(aq)

m Oxidation-Reduction Reactions

In Sections 4.2 and 4.3, we encountered two types of chemical reactions that can occur when
two electrolyte solutions are combined: precipitation, in which ionic compounds exchange ions,
and acid-base neutralization, in which a proton is transferred from an acid to a base. In this
section, we introduce oxidation-reduction reactions, commonly called redox reactions. A redox
reaction is a chemical reaction in which electrons are transferred from one reactant to another.
For example, if we place a piece of zinc metal into a solution that contains copper ions, the
following reaction will occur:

Zn(s) + Cu**(ag) —— Zn**(ag) + Cu(s)

This reaction is shown in Figure 4.6. In this process, zinc atoms are oxidized (they lose electrons)
and copper ions are reduced (they gain electrons). Each zinc atom loses two electrons to become
a zinc ion,

Zn(s) —— Zn**(aq) + 2¢”
and each copper ion gains two electrons to become a copper atom.

Cu’*(ag) + 2¢- —— Cu(s)
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(a) (b)
Zinc atoms enter the solution as zinc ions (Zn2+). Cu atoms have replaced Zn atoms in the solid,
Copper ions are reduced to copper atoms and Zn2" jons have replaced Cu?" ions in solution.

on the surface of the metal.

These two equations show electrons as a product in the zinc reaction and as a reactant in the
copper reaction. Each of these two equations represents a half-reaction, the oxidation or the
reduction reaction in a redox reaction. The sum of the two half-reaction equations is the overall
equation for the redox reaction:

Zn(s) —— Zn**(aq) + 2¢”
+ Cu**(ag) + 2¢- —— Cu(s)
Zn(s) + Cu’*(ag) + 2¢¢ —— Zn**(ag) + Cu(s) + 2¢

Although these two processes can be represented by separate equations, they cannot occur sepa-
rately. For one species to gain electrons, another must lose them, and vice versa.

Oxidation is the loss of electrons. The opposite process, the gain of electrons, is called
reduction. In the reaction of Zn with Cu®", Zn is called the reducing agent because it donates
electrons, causing Cu®* to be reduced. Cu* is called the oxidizing agent, on the other hand,
because it accepts electrons, causing Zn to be oxidized.

Another example of a redox reaction is the formation of calcium oxide (CaO) from its
constituent elements.

2Ca(s) + Oy(g) —— 2Ca0(s)

In this reaction, each calcium atom loses two electrons (is oxidized) and each oxygen atom gains
two electrons (is reduced). The corresponding half-reactions are

2Ca — 2Ca*t + 4e”
0, + 4¢- —— 20*~

The resulting Ca** and O*~ ions combine to form CaO.

Redox reactions take place because atoms of different elements have different tendencies
to gain electrons. Oxygen, for instance, has a much greater tendency to gain electrons than does
calcium. Calcium, being a metal, has a significant tendency to lose electrons. Compounds that
form between elements with significantly different tendencies to gain electrons generally are
ionic. By knowing the charges on the monatomic ions in such compounds, we can keep track
of the electrons that have been lost and gained.

Figure 4.6 Oxidation of zinc in a
solution of copper(ll) sulfate.

(a), (b): ©McGraw-Hill Education/Charles D.
Winters, photographer

Student Note: The term oxidation
originally was used by chemists to
mean “reaction with oxygen.” Like
definitions of acids and bases, though,
it has been redefined to include any
reaction in which electrons are lost.

>
Animation

Chemical reactions—formation of
Ag,S by oxidation reduction.
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Oxidation Numbers

When elements of similar abilities to gain electrons combine, they tend to form molecular com-
pounds, as in the formation of HF and NH; from their respective elements:

Hy(g) + Fa(g) —— 2HF(g)
Ny(g) + 3Hy(g) —— 2NH;(g)

In the formation of hydrogen fluoride (HF), therefore, fluorine does not gain an electron per
se—and hydrogen does not lose one. Experimental evidence shows, however, that there is a partial
transfer of electrons from H to F. Oxidation numbers provide us with a way to “balance the
books” with regard to electrons in a chemical equation. The oxidation number, also called the
oxidation state, is the charge an atom would have if electrons were transferred completely. For
example, we can rewrite the preceding equations for the formation of HF and NHj; as follows:

Ha(g) + Fa(g) - 2HF(g)
0 0 +1-1

Na(e)  +  3H(9) — 2NH3(g)
0 0 -3 +1

The numbers below each element are the oxidation numbers. In both of the reactions shown, the
reactants are all homonuclear diatomic molecules. Thus, we would expect no transfer of electrons
from one atom to the other and the oxidation number of each is zero. For the product molecules,
however, for the sake of determining oxidation numbers, we assume that complete electron trans-
fer has taken place and that each atom has either gained or lost one or more electrons. The oxida-
tion numbers reflect the number of electrons assumed to have been transferred.

Oxidation numbers enable us to identify elements that are oxidized and reduced at a
glance. The elements that show an increase in oxidation number—hydrogen in the preceding
examples—are oxidized, whereas the elements that show a decrease in oxidation number—fluorine
and nitrogen—are reduced.

In a sense, each atom’s oxidation number makes a contribution to the overall charge on
the species. Note that the oxidation numbers in both HF [(+1) + (—1) = 0] and NH; [(-3) +
3(+1) = 0] sum to zero. Because compounds are electrically neutral, the oxidation numbers in
any compound will sum to zero. For a polyatomic ion, oxidation numbers must sum to the charge
on the ion. (The oxidation number of a monatomic ion is equal to its charge.)

The following guidelines will help you assign oxidation numbers. There are essentially
two rules:

1. The oxidation number of any element, in its elemental form, is zero.

2. The oxidation numbers in any chemical species must sum to the overall charge on the
species. That is, oxidation numbers must sum to zero for any molecule and must sum to
the charge on any polyatomic ion. The oxidation number of a monatomic ion is equal to
the charge on the ion.

In addition to these two rules, it is necessary to know the elements that always, or nearly always,
have the same oxidation number. Table 4.5 lists elements whose oxidation numbers are “reli-
able,” in order of decreasing reliability.

To determine oxidation numbers in a compound or a polyatomic ion, you must use a
stepwise, systematic approach. Draw a circle under each element’s symbol in the chemical for-
mula. Then draw a square under each circle. In the circle, write the oxidation number of the
element; in the square, write the total contribution to charge by that element. Start with the
oxidation numbers you know, and use them to figure out the ones you don’t know. Here is an
example:

KMnO,

Oxidation number
Total contribution to charge

Fill in the oxidation number first for the element that appears highest on the list in Table 4.5.
Potassium (K) is a Group 1A metal. In its compounds, it always has the oxidation number +1.
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TABLE 4.5 | Elements with Reliable Oxidation Numbers in Compounds or Polyatomic lons

Oxidation

Element Number Exceptions
Fluorine -1
Group 1A or +1 or +2,
2A metal respectively
Hydrogen +1 Any combination with a Group 1A or 2A metal to form a metal hydride.

Examples: LiH and CaH,—the oxidation number of H is —1 in both examples.
Oxygen =2 Any combination with something higher on the list that necessitates its having a

different oxidation number (see rule 2 for assigning oxidation numbers).

Examples: H,O0, and KO,—the oxidation number of O for H,0, is —1 and for KO, is —%.
Group 7A -1 Any combination with something higher on the list that necessitates its having a different oxidation
(other than number (see rule 2 for assigning oxidation numbers). Examples: CIF, BrOj, and IO3—the oxidation
fluorine) numbers of CI, Br, and I are +1, +7, and +5, respectively. Remember that these exceptions do not

apply to fluorine, which always has an oxidation state of —1 when it is part of a compound.

We write +1 in the circle beneath the K. Because there is only one K atom in this formula, the
total contribution to charge is also +1, so we also write +1 in the square beneath the K.

KMnO,

Oxidation number +1
Total contribution to charge ™!

Next on the list is oxygen (O). In compounds, O usually has the oxidation number —2, so we
assign it —2. Because there are four O atoms in the formula, the total contribution to charge by
O atoms is 4(-2) = -8.

KMHO4
Oxidation number +1) =2
Total contribution to charge 1l =8

The numbers in the squares, all the contributions to overall charge, must sum to zero. This requires
putting +7 in the box beneath the Mn atom. Because there is just one Mn atom in this formula,
the contribution to charge is the same as the oxidation number. Thus, (+1) + (+7) + (—8) = 0.

KMHO4
Oxidation number D72 @ Student Hot Spot
‘huti +1+7 -8
Total contribution to Charge Student data indicate you may struggle
. . . . with oxidation numbers. Access the eBook
Sample Problem 4.5 lets you determine oxidation numbers in three more compounds and to view additional Learning Resources on

a polyatomic ion. this topic.

SAMPLE PROBLEM

Determine the oxidation number of each atom in the following compounds and ion: (a) SO,, (b) NaH, (c) CO%‘, (d) N,Os.

Strategy For each compound, assign an oxidation number first to the element that appears higher in Table 4.5. Then use rule 2 to determine
the oxidation number of the other element.

Setup (a) O appears in Table 4.5 but S does not, so we assign oxidation number —2 to O. Because there are two O atoms in the molecule, the
total contribution to charge by O is 2(=2) = —4. The lone S atom must therefore contribute +4 to the overall charge. (b) Both Na and H appear
in Table 4.5, but Na appears higher in the table, so we assign the oxidation number +1 to Na. This means that H must contribute —1 to the
overall charge. (H™ is the hydride ion.) (c) We assign the oxidation number —2 to O. Because there are three O atoms in the carbonate ion, the
total contribution to charge by O is —6. To have the contributions to charge sum to the charge on the ion (—2), the C atom must contribute
+4. (d) We assign the oxidation number —2 to O. Because there are five O atoms in the N,O5 molecule, the total contribution to charge by

O is —10. To have the contributions to charge sum to zero, the contribution by N must be +10, and because there are two N atoms, each one
must contribute +5. Therefore, the oxidation number of N is +5.

(Continued on next page)



148 CHAPTER 4 Reactions in Aqueous Solutions

Solution
(a) In SO,, the oxidation numbers of S and O are +4 and —2, respectively.

SO,
+4) -2
+4|/-4

(b) In NaH, the oxidation numbers of Na and H are +1 and —1, respectively.

NaH
+1/-1

+1(]-1

(¢) In CO3™, the oxidation numbers of C and O are +4 and —2, respectively.

Cco3
+4 (-2
+4 -6

(d) In N,Os, the oxidation numbers of N and O are +5 and —2, respectively.
N>0Os

+5 2
+10 ~10

THINK ABOUT IT

Use the circle and square system to verify that the oxidation numbers you have assigned do indeed sum to the overall charge on each species.

Practice Problem eTTEMPT Assign oxidation numbers to each

atom in the following compounds: H,O,, MnO,, H,SO,. Q q \

Practice Problem GUILD Assign oxidation numbers to each atom in )
the following polyatomic ions: 03~, ClO~, CIO5. +

Practice Problem (ONCEPTUALIZE Write the balanced equation 0
for the reaction represented by the models and determine oxidation states
for each element before and after the reaction.

Oxidation of Metals in Aqueous Solutions

Recall from the beginning of this section that zinc metal reacts with aqueous copper ions to form
aqueous zinc ions and copper metal. One way that this reaction might be carried out is for zinc
metal to be immersed in a solution of copper(Il) sulfate (CuSO,), as depicted in Figure 4.6. The
molecular equation for this reaction is

Zn(s) + CuCly(aq) — ZnCly(aq) + Cu(s)

0 +2)71 +2)-1 0
0 #2112 2|2 0

This is an example of a displacement reaction. Zinc displaces, or replaces, copper in the dis-
solved salt by being oxidized from Zn to Zn>*. Copper is displaced from the salt (and removed
from solution) by being reduced from Cu®* to Cu. Chloride (C17), which is neither oxidized nor
reduced, is a spectator ion in this reaction.
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What would happen, then, if we placed copper metal into a solution containing zinc chlo-
ride (ZnCl,)? Would Cu(s) be oxidized to Cu“(aq) by Zn2+(aq) the way Zn(s) is oxidized to
Zn2+(aq) by Cu2+(aq)? The answer is no. In fact, no reaction would occur if we were to immerse
copper metal into an aqueous solution of ZnCl,.

Cu(s) + ZnCly(ag) — no reaction

No reaction occurs between Cu(s) and Zn2+(aq), whereas a reaction does occur between Zn(s)
and Cu**(aq) because zinc is more easily oxidized than copper.

The activity series (Table 4.6) is a list of metals (and hydrogen) arranged from top to
bottom in order of decreasing ease of oxidation. The second column shows the oxidation half-
reaction corresponding to each element in the first column. Note the positions of zinc and copper
in the table. Zinc appears higher in the table and is therefore oxidized more easily. In fact, an
element in the series will be oxidized by the ions of any element that appears below it. Accord-
ing to Table 4.6, therefore, zinc metal will be oxidized by a solution containing any of the
following ions: Cr’*, Fe’*, Cd**, Co®*, Ni**, Sn**, HY, Cu®*, Ag", Hg**, P**, or Au’". On
the other hand, zinc will not be oxidized by a solution containing Mn**, AI**, Mg**, Na*, Ca*",
Ba’*, K*, or Li* ions.

Metals listed at the top of the activity series are called the active metals. These include the
alkali and alkaline earth metals. These metals are so reactive that they are not found in nature
in their elemental forms. Metals at the bottom of the series, such as copper, silver, platinum,
and gold, are called the noble metals because they have very little tendency to react. These are
the metals most often used for jewelry and coins. Reactions in which hydrogen ion is reduced
to hydrogen gas are known as hydrogen displacement reactions.

TABLE 4.6 | Activity Series

Element Oxidation Half-Reaction
A Lithium Li — Li* + ¢~
Potassium K——K'+e
Barium Ba—— Ba’" + 2¢”
Calcium Ca—— Ca’ +2¢”
Sodium Na—— Na" + ¢~
Magnesium Mg —— Mg** + 2¢”
Aluminum Al —— APP* + 3¢”
g Manganese Mn —— Mn*" + 2¢”
E Zinc Zn —— Zn** + 2¢”
S Chromium Cr—— Cr’* 4+ 3¢~
qg Iron Fe —— Fe’™ + 2¢~
§ Cadmium Cd —— Cd** + 2¢~
g Cobalt Co—— Co™ +2¢~
2 Nickel Ni —— Ni** + 2¢~
= Tin Sn —— Sn** + 2¢”
Lead Pb —— Pb** + 2¢”
Hydrogen H, —— 2H" + 2¢~
Copper Cu —— Cu** +2¢”
Silver Ag—— Ag" +e”
Mercury Hg —— Hg’" + 2¢”
Platinum Pt —— Pt*" + 2¢”
Gold Au—— AU + 3e”

Some metals such as copper are so
unreactive that they are found in
nature in the uncombined state.

©McGraw-Hill Education/Charles D. Winters,
photographer

Student Note: When a metal is
oxidized by an aqueous solution,
it becomes an aqueous ion.
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Balancing Simple Redox Equations

To learn how to balance redox equations, let’s revisit the practice of balancing equations. In
Chapter 3, you learned to balance equations by counting the number of each kind of atom on
each side of the equation arrow. For the purpose of balancing redox equations, it is also neces-
sary to count electrons. For example, consider the net ionic equation for the reaction of chro-
mium metal with nickel ion:

Cr(s) + Ni**(ag) —— Cr’*(ag) + Ni(s)
Although this equation has equal numbers of each type of atom on both sides, it is not balanced
because there is a charge of +2 on the reactant side and a charge of +3 on the product side. To
balance it, we can separate it into its half-reactions.
Cr(s) —— Cr'*(ag) + 3¢~
Ni**(aq) + 2¢- —— Ni(s)
When we add half-reactions to get the overall reaction, the electrons must cancel. Because any
electrons lost by one species must be gained by the other, electrons may not appear in an overall

chemical equation. Therefore, prior to adding these two half-reactions, we must multiply the
chromium half-reaction by 2

2[Cr(s) — Cr’*(ag) + 3¢7]
and the nickel half-reaction by 3.
3[Ni**(ag) + 2¢- —— Ni(s)]

Then when we add the half-reactions, the electrons cancel and we get the balanced overall
equation.
2Cr(s) — 2Cr’*(aq) + 6€
+ 3Ni**(ag) + 66~ —— 3Ni(s)
2Cr(s) + 3Ni**(ag) —— 2Cr’*(aq) + 3Ni(s)

This is known as the half-reaction method of balancing redox equations. We use this method
extensively when we examine more complex redox reactions in Chapter 19.

The activity series enables us to predict whether or not a metal will be oxidized by a
solution containing a particular salt or by an acid. Sample Problems 4.6 and 4.7 give you more
practice making such predictions and balancing redox equations.

SAMPLE PROBLEM

Predict which of the following reactions will occur, and for those that will occur, write the net ionic equation and indicate which element is
oxidized and which is reduced: (a) Fe(s) + PtCly(ag) —— ? (b) Cr(s) + AuClz(ag) — ? (c) Pb(s) + Zn(NO3),(ag) ——> ?

Strategy The salt in each equation (the compound on the reactant side) is a strong electrolyte. What is important is the identity of the metal
cation in the salt. For each equation, compare the positions in Table 4.6 of the solid metal and the metal cation from the salt to determine
whether or not the solid metal will be oxidized. If the cation appears lower in the table, the solid metal will be oxidized (i.e., the reaction will
occur). If the cation appears higher in the table, the solid metal will not be oxidized (i.e., no reaction will occur).

Setup (a) The cation in PtCl, is Pt**. Platinum appears lower in Table 4.6 than iron, so Pt“(aq) will oxidize Fe(s).
(b) The cation in AuCl; is Au*t. Gold appears lower in Table 4.6 than chromium, so Au**(ag) will oxidize Cr(s).

(c) The cation in Zn(NOs), is Zn>*. Zinc appears higher in Table 4.6 than lead, so Zn2+(aq) will not oxidize Pb(s).
Solution (a) Fe(s) + Pt2+(aq) — Fe“(aq) + Pt(s); iron is oxidized (0 to +2) and platinum is reduced (42 to 0).
(b) Cr(s) + Au3+(aq) — Cr3+(aq) + Au(s); chromium is oxidized (0 to +3) and gold is reduced (+3 to 0).

(c) No reaction.

THINK ABOUT IT

Check your conclusions by working each problem backward. For part (b), for example, write the net ionic equation in reverse, using the
products as the reactants: Au(s) + Cr**(ag) —— ? Now compare the positions of gold and chromium in Table 4.6 again. Chromium is
higher, so chromium(lll) ions cannot oxidize gold. This confirms your conclusion that the forward reaction (the oxidation of chromium by
gold ions) will occur.
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Practice Problem QTTEM PT Predict which of the following reactions will occur, and for those that will occur, write the net ionic
equation and indicate which element is oxidized and which is reduced: (a) Co(s) + Bal,(ag) —— ? (b) Sn(s) + CuBry(ag) ——> ?
(c) Ag(s) + NaCl(ag) —— ?

Practice Problem GUILD Predict which of the following reactions will occur, and for those that will occur, write the net ionic equation
and indicate which element is oxidized and which is reduced: (a) Ni(s) + Cu(NO3),(ag) —— ? (b) Ag(s) + KCl(ag) —— ?
(c) Al(s) + AuCly(aq) —— ?

Practice Problem GONCEPT UALIZE Given the following data, construct an activity series similar to Table 4.6 for five metals:
A, B, C, D, and E. The data indicate the results of specific combinations of metals and metal ions.

Experiment 1: A(s) + D(aq) —— A™(aq) + D(s)
Experiment 2: C(s) + B*(ag) ——> C'(agq) + B(s)
Experiment 3: D(s) + B*(ag) —— no reaction
Experiment 4: C(s) + A*(ag) ——> no reaction
Experiment 5: B(s) + E"(ag) —— B*(aq) + E(s)

Experiment 6: D(s) + E¥(ag) —— no reaction

SAMPLE PROBLEM

Predict which of the following reactions will occur, and for those that will occur, balance the equation and indicate which element is oxidized
and which is reduced: (a) Al(s) + CaCly(ag) —— ? (b) Cr(s) + Pb(C,H30,),(ag) —— ? (c) Sn(s) + Hl(ag) —— ?

Strategy As in Sample Problem 4.6, identify the cation in the aqueous species and for each equation, compare the positions in Table 4.6 of the
solid metal and the cation to determine whether or not the solid metal will be oxidized. If the cation appears lower in the table, the reaction
will occur.

Setup (a) The cation in CaCl, is Ca*". Calcium appears higher in Table 4.6 than aluminum, so Ca”(aq) will not oxidize Al(s). (b) The
cation in Pb(C,H;0,), is Pb*". Lead appears lower in Table 4.6 than chromium, so Pb**(ag) will oxidize Cr(s). (c) The cation in HI is HY.
Hydrogen appears lower in Table 4.6 than tin, so H"(ag) will oxidize Sn(s).

Solution (a) No reaction.
(b) The two half-reactions are represented by the following:

Oxidation: Cr(s) —> Cr’*(aq) + 3¢~

Reduction: Pb**(ag) + 2¢” —— Pb(s)
To balance the charges, we must multiply the oxidation half-reaction by 2 and the reduction half-reaction by 3:

2 X [Cr(s) —— Cr3+(aq) + 3e7] = 2Cr(s) —— 2Cr3+(aq) + 6e”
3 x [Pb**(ag) + 2¢- —> Pb(s)] = 3Pb**(ag) + 66~ —> 3Pb(s)
We can then add the two half-reactions, canceling the electrons on both sides to get
2Cr(s) + 3Pb**(ag) — 2Cr’*(aq) + 3Pb(s)
The overall, balanced molecular equation is
2Cr(s) + 3Pb(C,H30,),(ag) —> 2Cr(C,H;0,)3(aq) + 3Pb(s)

Chromium is oxidized (0 to +3) and lead is reduced (+2 to 0).
(c) The two half-reactions are as follows:

Oxidation: Sn(s) —— Sn**(ag) + 2e~

Reduction: 2H*(aq) + 2~ —— Ha(g)
Adding the two half-reactions and canceling the electrons on both sides yields

Sn(s) + 2H*(ag) —— Sn**(ag) + Ha(g)
The overall, balanced molecular equation is
Sn(s) + 2HI(ag) — Snl,(aq) + Hy(g)

Tin is oxidized (0 to +2) and hydrogen is reduced (+1 to 0).

(Continued on next page)
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THINK ABOUT IT

Check your conclusions by working each problem backward. Write each equation in reverse and compare the positions of the elements
in the activity series.

Practice Problem QTTEM PT Predict which of the following reactions will occur,
and for those that will occur, give the overall, balanced molecular equation and indicate
which element is oxidized and which is reduced. (a) Mg(s) + Cr(C,H30,)5(ag) —— ?
(b) Cu(s) + HBr(ag) —— ? (c) Cd(s) + AgNO;(ag) ——> ? » ) < 9 ) @ Q =

Practice Problem GU ILD Predict which of the following reactions will occur, and for . - - 9 - -
those that will occur, indicate which element is oxidized and which is reduced. (a) Pt(s) + . ) )
Cu(NOs),(ag) —— ? (b) Ag(s) + AuCly;(ag) — ? (c) Sn(s) + HNO;(ag) —— ? ) . - :

).

Practice Problem GONCEPT UALIZE Metals M and N are represented by yellow 222 ‘ e

Ve

and white spheres, respectively. Based on the diagrams before and after the reaction, write the DI IIIJD DIIIIIIJD
corresponding balanced equation and assign oxidation numbers to the metals and their ions. before after

Other Types of Redox Reactions

Several of the reaction types that you have already encountered are also redox reactions.

Combination Reactions

Combination reactions such as the formation of ammonia from its constituent elements can
involve oxidation and reduction.

Na(g) +  3Hy(g) —  2NHs(g)
(0) (9 D)

In this reaction, nitrogen is reduced from O to —3, while hydrogen is oxidized from O to +1.
Other examples of combination reactions include those shown in Figure 4.7.

Decomposition

Decomposition can also be a redox reaction, as illustrated by the following examples:

2NaH(s) —— 2Na(s) + Hy(g)

+1)(-1 0 0
+1/ -1 0 0

2K Cl O3(s) —— 2KCl(s) + 30,(9)

+1)45/-2 +1/-1 0
+1/ 45 -6 +1/[-1 0
2H,0x(aq) —— 2H,0()) + Oy(g)
+1/-1 +1)—2 0
42/ -2 2 =2 0

»)+)ﬁ39 \

2Na + Clp — 2NaCl 2H, + O, — 2H,0

0 0 F1-1 0 0 +1-2

0 0 +11 0 0 22
(a) (b)

Figure 4.7 (a) Reaction between sodium and chlorine to form sodium chloride, and (b) reaction between hydrogen and oxygen to form water. For
each element, the oxidation number appears in the circle and the total contribution to charge appears in the square below it.
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The decomposition of hydrogen peroxide, shown in the preceding equation, is an example of a
disproportionation reaction, in which one element undergoes both oxidation and reduction. In
the case of H,0,, the oxidation number of O is initially —1. In the products of the decomposi-
tion, O has an oxidation number of —2 in H,O and of 0 in O,.

oxidation
reduction
2H,05(aq) —— 2H,0() +  Oy(9)
+1)(-1 +1/-2 0
+2| 2 +2 -2 0

Finally, combustion [l« Section 3.3] is a redox process.

CHu(g) + 209 —— COx(g) + 2H,00)
~4)+1 0 a2 )2
4|14 0 4[4 12l 2

Figure 4.8 shows the known oxidation numbers of elements in compounds—arranged according
to their positions in the periodic table.

1 18
1A 8A
1 2
H He

+1
1
2 13 14 15 16 17
2A 3A 4A S5A 6A TA
3 4 5 6 7 8 9 10
Li Be B C N (0} F Ne
+1 +2 +3 +4 +5 +2 -1
+2 +‘3‘ 2l
+
! +2 21
+1 =2
-3
11 12 13 14 15 16 17 18
Na Mg Al Si P S Cl Ar
+1 +2 +3 +4 +5 +6 +7
-4 +3 +4 +6
-3 +2 +5
=) +4
b3
3 4 5 6 7 8 9 10 11 12 il
3B 4B 5B 6B 7B 8B/ 1B 2B -1
19 20 21 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36
K Ca Sc Ti v Cr Mn Fe Co Ni Cu Zn Ga Ge As Se Br Kr
Al +2 ) +4 ) +6 +7 ) ) 2 +2 +2 ) +4 +5 +6 ) +4
+3 +4 +5 +6 +2 +2 +1 —4 +3 +4 +3 +2
+2 +3 +4 +4 3 =) +1
+2 +3 +3 =
+2 +2
3 38 39 40 41 42 43 44 45 46 47 48 49 50 51 52 55 54
Rb Sr Y Zr Nb Mo Te Ru Rh Pd Ag Cd In Sn Sb Te I Xe
+1 +2 + +4 +5 +6 +7 +8 +4 +4 +1 +2 +3 +4 +5 +6 +7 +6
+4 +4 +6 +6 +3 +2 +2 +3 +4 +5 +4
+3 +4 +4 +2 = =) +1 )
+3 =
55 56 71 72 73 74 75 76 77 78 79 80 81 82 83 84 85 86
Cs Ba Lu Hf Ta W Re Os Ir Pt Au Hg Tl Pb Bi Po At Rn
+1 +2 +3 +4 +5 +6 +7 +8 +4 +4 +3 +2 +3 +4 +5 +2 -1
+4 +6 +4 +3 +2 +1 +1 +1 +2 +3
+4

Figure 4.8 Periodic table showing oxidation numbers for each element. The most common oxidation numbers are shown in red.
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CHECKPOINT — SECTION 4.4 Oxidation-Reduction Reactions

4.41 Determine the oxidation number of sulfur in each of the 4.4.3 Which of the following equations represents a redox
following species: H,S, HSO3, SCl,, and Sg. reaction? (Choose all that apply.)

a) 42, +6, =2, +4
b) -2, 43, +2,0
¢) -2, +5, +2, -1
d) -1, +4, 42,0
e) -2, +4, +2,0

a) 2Mg(s) + Oy(g) — 2MgO(s)

b) Cu(s) + PtCly(ag) —— CuCly(agq) + Pt(s)

¢) NH,Cl(ag) + AgNO;s(aq) —> NH4NO;(aq) + AgCl(s)
d) 2NaNj(s) — 2Na(s) + 3N,(g)

e) CaCOs(s) —> CaO(s) + COy(g)

4.4.2 What species is the reducing agent in the following 4.4.4 According to the activity series, which of the following
equation? redox reactions will occur? (Choose all that apply.)
Mg(s) + 2HCl(aq) —— MgCl,y(aq) + Hy(g) a) Fe(s) + NiBry(ag) ——> FeBr,(agq) + Ni(s)
a) Mg(s) d) Mg**(aq) b) Sn(s) + Pb(NOs)x(aq) —— Sn(NOs)s(ag) + Pb(s)
b) H'(aq) e) Ha(g) ¢) Mg(s) + Baly(ag) —— Mgly(aq) + Ba(s)
c) Cl (aq) d) Pb(s) + PtCl,(ag) —— PbCly(ag) + Pt(s)

e) Zn(s) + CaBry(ag) —— ZnBry(aqg) + Ca(s)

Figure 4.9 Two solutions of iodine in
benzene. The solution on the left is
more concentrated. The solution on
the right is more dilute.

Photos: ©McGraw-Hill Education/Charles D.
Winters, photographer

m Concentration of Solutions

One of the factors that can influence reactions in aqueous solution is concentration. The con-
centration of a solution is the amount of solute dissolved in a given quantity of solvent or
solution. Consider the two solutions of iodine pictured in Figure 4.9. The solution on the left is
more concentrated than the one on the right—that is, it contains a higher ratio of solute to
solvent. By contrast, the solution on the right is more dilute. (The qualitative terms concentrated
and dilute are relative terms, like expensive and cheap.) The color is more intense in the more
concentrated solution. Often the concentrations of reactants determine how fast a chemical reac-
tion occurs. For example, the reaction of magnesium metal and acid [l¢ Section 4.4] happens
faster if the concentration of acid is greater. As we explain in Chapter 13, there are several
different ways to express the concentration of a solution. In this chapter, we introduce only
molarity, which is one of the most commonly used units of concentration.

Concentrated solution: Dilute solution:
More solute particles per unit volume Fewer solute particles per unit volume
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Molarity

Molarity, or molar concentration, symbolized M, is defined as the number of moles of solute

per liter of solution. Thus, 1 L of a 1.5 molar solution of glucose (C¢H,Og), written as 1.5 M Student Note: Molarity can equally
C¢H,,04, contains 1.5 mol of dissolved glucose. Half a liter of the same solution would contain well be defined as millimoles per

milliliter (mmol/mL), which can simplify

0.75 mol of dissolved glucose, a milliliter of the solution would contain 1.5 X 10~ mol of dis- X
some calculations.

solved glucose, and so on.

moles solute

molarity = Equation 4.1

liters solution
To calculate the molarity of a solution, we divide the number of moles of solute by the volume

of the solution in liters.

Equation 4.1 can be rearranged in three ways to solve for any of the three variables: molar- Student Note: Students sometimes

ity (M), moles of solute (mol), or volume of solution in liters (L). have difficulty seeing how units
cancel in these equations. It may help
mol mol to write M as mol/L until you become
(H)M=—— 2 L=—+ B)mol =M X L completely comfortable with these
L M equations.

Sample Problem 4.8 illustrates how to use these equations to solve for molarity, volume of solu-
tion, and moles of solute.

SAMPLE PROBLEM

For an aqueous solution of glucose (C¢H;,0g), determine (a) the molarity of 2.00 L of a solution that contains 50.0 g of glucose, (b) the volume
of this solution that would contain 0.250 mol of glucose, and (c) the number of moles of glucose in 0.500 L of this solution.

Strategy Convert the mass of glucose given to moles, and use the equations for interconversions of M, liters, and moles to calculate the answers.
Setup The molar mass of glucose is 180.2 g.

50.0¢g
moles of glucose = ————— = 0.277 mol
180.2 g/mol

. ) 0.227 mol C¢H,04
Solution (a) molarity = 200 L solufion =0.139 M
; solution

A common way to state the concentration of this solution is to say, “This solution is 0.139 M in glucose.”

(b) 1 _ 0.250 mOl C6H1206 _ 1 80 L
VOUmE =" 3o

(c¢) moles of C¢H;,04 in 0.500 L = 0.500 L x 0.139 M = 0.0695 mol

THINK ABOUT IT

Check to see that the magnitudes of your answers are logical. For example, the mass given in the problem corresponds to 0.277 mol of
solute. If you are asked, as in part (b), for the volume that contains a number of moles smaller than 0.277, make sure your answer is
smaller than the original volume.

Practice Problem QTTEMPT For an aqueous solution of sucrose (C;,H»,0,;), determine (a) the molarity of 5.00 L of a solution that
contains 235 g of sucrose, (b) the volume of this solution that would contain 1.26 mol of sucrose, and (c) the number of moles of sucrose in
1.89 L of this solution.

Practice Problem GUILD For an aqueous solution of sodium chloride (NaCl), determine d

(a) the molarity of 3.75 L of a solution that contains 155 g of sodium chloride, (b) the volume - ) o

of this solution that would contain 4.58 mol of sodium chloride, and (c) the number of moles ) o

of sodium chloride in 22.75 L of this solution. - o [
Practice Problem GONCEPT UALIZE The diagrams represent solutions of two O ")
different concentrations. What volume of solution 2 contains the same amount of solute as @

5.00 mL of solution 1? What volume of solution 1 contains the same amount of solute as
30.0 mL of solution 2? solution 1 solution 2



Preparing a Solution from a Solid

R

& A -

o
I~

Calculate the mass of KMnO,, necessary
for the target concentration of 0.1 M.

0.1 ]fnd % 0.2500 L = 0.02500 mol

158.04 g

0.02500 mol x
mol

=3.951 g KMnO,
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Fill exactly to the calibration mark
using a wash bottle or eyedropper.

y

(See Visualizing Chemistry questions VC 4.1-VC 4.4 on page 178.)

After capping and inverting the flask to What’s the pOint?
ensure complete mixing, we calculate the
actual concentration of the prepared solution. The goal is to prepare a solution of precisely known concentration,
3.896 ¢ KMnO,, x 1518H(1)(4)11 — 0.024652 mol with that concentration being very close to the target concentration
Hre of 0.1 M. Note that because 0.1 is a specified number, it does not
% —0.09861 M limit the number of significant figures in our calculations.

157
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oy

Animation
Figure 410, Preparing a Solution
from a Solid pp. 156-157.

Student Note: It is important to
remember that molarity is defined in
terms of the volume of solution, not

the volume of solvent. In many cases,

these two are not the same.

1

Animation
Dilution.

The procedure for preparing a solution of known molarity is shown in Figure 4.10. First,
the solute is weighed accurately and transferred, often with a funnel, to a volumetric flask of
the desired volume. Next, water is added to the flask, which is then swirled to dissolve the solid.
After all the solid has dissolved, more water is added slowly to bring the level of solution exactly
to the volume mark. Finally, the flask is capped and inverted to ensure thorough mixing. Know-
ing the volume of the solution in the flask and the quantity of compound dissolved, we can
determine the molarity of the solution using Equation 4.1. Note that this procedure does not
require that we know the exact amount of water added. Because of the way molarity is defined,
it is important only that we know the final volume of the solution.

Dilution

Concentrated “stock” solutions of commonly used substances typically are kept in the laboratory
stockroom. Often we need to dilute these stock solutions before using them. Dilution is the pro-
cess of preparing a less concentrated solution from a more concentrated one. Suppose that we
want to prepare 1.00 L of a 0.400 M KMnO, solution from a solution of 1.00 M KMnO,. For
this purpose, we need 0.400 mol of KMnO,. Because there is 1.00 mol of KMnOy, in 1.00 L of
a 1.00 M KMnOQO, solution, there is 0.400 mol of KMnQO, in 0.400 L of the same solution:

1.00 mol KMnO, 0.400 mol KMnO,

1.00 L of solution ~ 0.400 L of solution

Therefore, we must withdraw precisely 400 mL (0.400 L) from the 1.00 M KMnO, solution and
dilute it to 1.00 L by adding water (in a 1.00-L volumetric flask). This method gives us 1.00 L
of the desired 0.400 M KMnO,.

In carrying out a dilution process, it is useful to remember that adding more solvent to a
given amount of the stock solution changes (decreases) the concentration of the solution without
changing the number of moles of solute present in the solution (Figure 4.11).

Equation 4.2 moles of solute before dilution = moles of solute after dilution

Using arrangement (3) of Equation 4.1, we can calculate the number of moles of solute:

moles of solute . .
moles of solute = ——— X liters of solution
liters of solution

Add solvent

Before dilution: After dilution:
More solute particles per unit volume Fewer solute particles per unit volume

Figure 411 Dilution changes the concentration of a solution; it does not change the number of
moles of solute in the solution.
Photos: ©David A. Tietz/Editorial Image, LLC
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@ Student Hot Spot
Student data indicate you may struggle

Because the number of moles of solute before the dilution is the same as that after dilution, we
can write

M, X L.= Mg XLy Equation 4.3
where the subscripts ¢ and d stand for concentrated and dilute, respectively. Thus, by knowing
the molarity of the concentrated stock solution (M,) and the desired final molarity (M,) and
volume (L) of the dilute solution, we can calculate the volume of stock solution required for
the dilution (L.).

Because most volumes measured in the laboratory are in milliliters rather than liters, it is
worth pointing out that Equation 4.3 can also be written with volumes of the concentrated and
dilute solutions in milliliters.

M. X mL, = My X mLy Equation 4.4

In this form of the equation, the product of each side is in millimoles (mmol) rather than moles.
We apply Equation 4.4 in Sample Problem 4.9.

SAMPLE PROBLEM

with dilution. Access the eBook to view

159

additional Learning Resources on this topic.

Student Note: Students sometimes

resist using the unit millimole. However,

using the M. X mL, = My X mL4 form
in Equation 4.4 often reduces the

number of steps in a problem, thereby
reducing the number of opportunities

to make calculation errors.

What volume of 12.0 M HCI, a common laboratory stock solution, must be used to prepare 250.0 mL of 0.125 M HCI1?

Strategy Use Equation 4.4 to determine the volume of 12.0 M HCI required for the dilution.
Setup M, = 12.0 M, My = 0.125 M, mL,; = 250.0 mL.
Solution
120 M x mL. = 0.125 M x 250.0 mL
0.125 M x 250.0 mL
120 M

mL, = =2.60 mL

THINK ABOUT IT

Student Note: It is very important to
note that, for safety, when diluting a
concentrated acid, the acid must be
added to the water, and not the other
way around.

Plug the answer into Equation 4.4, and make sure that the product of concentration and volume is the same on both sides of the equation.

Practice Problem QTTEMPT What volume of 6.0 M H,SO, is needed to prepare 500.0 mL of a solution that is 0.25 M in H,SO,?

Practice Problem BU ILD What volume of 0.20 M H,SO, can be prepared by
diluting 125 mL of 6.0 M H,SO,4?

Practice Problem GONCEPT UALIZE The diagrams represent a concentrated
stock solution (left) and a dilute solution (right) that can be prepared by dilution of the
stock solution. How many milliliters of the concentrated stock solution are needed to
prepare solutions of the same concentration as the dilute solution of each of the following
final volumes? (a) 50.0 mL, (b) 100.0 mL, (c) 250.0 mL

Serial Dilution

A series of dilutions may be used in the laboratory to prepare a number of increasingly dilute solu-
tions from a stock solution. The method involves preparing a solution as described previously and
diluting a portion of the prepared solution to make a more dilute solution. For example, we could
use our 0.400 M KMnO, solution, to prepare a series of five increasingly dilute solutions—with
the concentration decreasing by a factor of 10 at each stage. Using a volumetric pipette, we withdraw
10.00 mL of the 0.400-M solution and deliver it into a 100.00-mL volumetric flask as shown in
Figure 4.12(a). We then dilute to the volumetric mark and cap and invert the flask to ensure com-
plete mixing. The concentration of the newly prepared solution is determined using Equation 4.4,
where M, is 0.400 M, and mL, and mL4 are 10.00 mL and 100.00 mL, respectively.

0.400 M x 10.00 mL = M, x 100.00 mL
My =0.0400 M or 4.00x 10> M
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Figure 412 Serial dilution.

(a) A solution of precisely known
concentration is prepared in a
volumetric flask. A precise volume of
the solution is transferred to a second
volumetric flask and subsequently
diluted. (b) A precise volume of the
second solution is transferred to a
third volumetric flask and diluted.
The process is repeated several
times, each time producing more
dilute solution. In this example, the

concentration is reduced by a factor
of 10 at each stage.

(a), (b): ©McGraw-Hill Education/
Charles D. Winters, photographer

(@) (b)

Repeating this process four more times, each time using the most recently prepared solution as the
“concentrated” solution and diluting 10.00 mL to 100.00 mL, we get five KMnO, solutions with
concentrations 4.00 x 107% M, 4.00 x 107 M, 4.00 x 10~ M, 4.00 x 107> M, and 4.00 x 10° M
[Figure 4.12(b)]. This type of serial dilution is commonly used to prepare “standard” solutions
with precisely known concentrations, for quantitative analysis.

Sample Problem 4.10 illustrates the method of serial dilution to prepare a series of standard
HCI solutions.

SAMPLE PROBLEM

Starting with a 2.00-M stock solution of hydrochloric acid, four standard solutions (1 to 4) are prepared by sequentially diluting 10.00 mL of each
solution to 250.00 mL. Determine (a) the concentrations of all four standard solutions and (b) the number of moles of HCI in each solution.

Strategy In part (a), because the volumes are all given in milliliters, we will use Equation 4.4, rearranged to solve for My, to determine the
molar concentration of each standard solution. In part (b), Equation 4.1, rearranged to solve for moles, can be used to calculate the number of
moles in each. We must remember to convert each solution’s volume to liters so that units will cancel properly.

M. X mL, =il
Setup (a) My=——; (b) mol = M x L, 250.00 mL = 2.500 x 107" L

de

2.00 M x 10.00 mL

Solution (a) My, = I 8.00 x 1072 M
8.00 x 1072 M x 10.00 mL
My = 550,00 L =320x 10° M
3.20 x 107> M x 10.00 mL _
5= T =128x107*M

1.28 x 107*M x 10.00 mL
250.00 mL

My = =512x10°M
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(b) mol; = 8.00 x 107 M x 2.500 x 10™' L = 2.00 x 107> mol
mol, = 3.20 X 107 M x 2.500 x 10™' L = 8.00 x 10~ mol
mol; = 1.28 x 107 M x 2.500 x 10" L = 3.20 x 107> mol
mol, = 5.12 x 10° M x 2.500 x 10™' L = 1.28 x 10~° mol

THINK ABOUT IT

Serial dilution is one of the fundamental practices of homeopathy. Some remedies undergo so many serial dilutions that very few (if any)

molecules of the original substance still exist in the final preparation.

Practice Problem GTTEMPT Starting with a 6.552-M stock solution of HNOs, five standard solutions are prepared via serial dilution.
At each stage, 25.00 mL of solution is diluted to 100.00 mL. Determine (a) the concentration of and (b) the number of moles of HNOj; in each

standard solution.

Practice Problem BUILD Five standard solutions of HBr are prepared by serial dilution in which, at each stage, 10.00 mL is diluted to
150.00 mL. Given that the concentration of the most dilute solution is 3.22 x 107° M, determine the concentration of the original HBr stock

solution.

Practice Problem GONCEPT UALIZE The first diagram represents a concentrated stock solution of a strong electrolyte. Which of
the solutions (i) through (iv) could be prepared by diluting a sample of the stock solution? Select all that apply.

(ii)

Solution Stoichiometry

Soluble ionic compounds such as KMnQO, are strong electrolytes, so they undergo complete
dissociation upon dissolution and exist in solution entirely as ions. KMnO, dissociates, for
example, to give 1 mole of potassium ion and 1 mole of permanganate ion for every mole
of potassium permanganate. Thus, a 0.400-M solution of KMnO, will be 0.400 M in K* and
0.400 M in MnOy;.

In the case of a soluble ionic compound with other than a 1:1 combination of constituent
ions, we must use the subscripts in the chemical formula to determine the concentration of each
ion in solution. Sodium sulfate (Na,SO,) dissociates, for example, to give twice as many sodium
ions as sulfate ions.

N2,S0,(s) =22, 2Na*(ag) + SO (aq)

Therefore, a solution that is 0.35 M in Na,SO, is actually 0.70 M in Na* and 0.35 M in Nor
Frequently, molar concentrations of dissolved species are expressed using square brackets. Thus,
the concentrations of species in a 0.35-M solution of Na,SO, can be expressed as follows: [Na*] =
0.70 M and [SO3"] = 0.35 M. If we only need to express the concentration of the compound,
rather than the concentrations of the individual ions, we could express the concentration of this
solution as [Na,SO,4] = 0.35 M.

Sample Problem 4.11 lets you practice relating concentrations of compounds and concen-
trations of individual ions using solution stoichiometry.

Student Note: Square brackets
around a chemical species can be
read as “the concentration of” that
species. For example, [Na'] is read as
“the concentration of sodium ion.”
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SAMPLE PROBLEM

Using square-bracket notation, express the concentration of (a) chloride ion in a solution that is 1.02 M in AICls, (b) nitrate ion in a solution
that is 0.451 M in Ca(NOs),, and (c) Na,CO; in a solution in which [Na*] = 0.124 M.

Strategy Use the concentration given in each case and the stoichiometry indicated in the corresponding chemical formula to determine the
concentration of the specified ion or compound.

Setup (a) There are 3 moles of Cl™ ion for every 1 mole of AlCl;,
AICL(s) =22, AP*(ag) + 3C1 (ag)

so the concentration of C1~ will be three times the concentration of AlCl;.
(b) There are 2 moles of nitrate ion for every 1 mole of Ca(NOs3),,

Ca(NO3)(s) —2» Ca**(ag) + 2NO3(aq)
so [NO3] will be twice [Ca(NOj3),].
(c) There is 1 mole of Na,CO; for every 2 moles of sodium ion,

Na,CO4(s) —2> 2Na*(ag) + COZ (aq)

so [Na,CO5] will be half of [Na*]. (Assume that Na,CO; is the only source of Na* ions in this solution.)

Solution
(2) [C17] = [AICL] x % (©) [N2,CO5] = [Na*] x %
1.02 mol A€ 3 mol CI” _ 0124 mobNa*" 1 mol NaxCO;
- L 1 molAt€r; - L 2 mol Na*
3.06 mol CI” 0.0620 mol Na,CO5
- L - L
—3.06 M = 0.0620 M
(b) [NOF] = [Ca(NOy),] x — A NOs
1 mol Ca(NOs),
_ 045 molCa(NOT; 2 mol NOF
L 1 mol CatNO3);
0.902 mol NO3
=
= 0.902 M

THINK ABOUT IT

Make sure that units cancel properly. Remember that the concentration of an ion can never be less than the concentration of its dissolved
parent compound. It will always be the concentration of the parent compound times its stoichiometric subscript in the chemical formula.

Practice Problem QTTEMPT Using the square-
bracket notation, express the concentrations of ions in a

lution that is 0.750 M in alumi Ifate [Al,(SOy)s].
solution that is in aluminum sulfate [Al,(SO,)s] Nat— 0 Ba*— @ Cr—@

Practice Problem BUILD Using the square-
bracket notation, express the concentration of chloride
ions in a solution that is 0.250 M in sodium chloride
(NaCl) and 0.25 M in magnesium chloride (MgCl,).

Practice Problem (QONCEPTUALIZE Which

of the diagrams could represent an aqueous solution that

contains both NaCl and BaCl,? Select all that apply. @ (@) (i) @)
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White light is composed of all the colors of the rainbow.
In fact, a rainbow results from the separation of white
light by water droplets into the colors or wavelengths
that make up the visible spectrum [p»| Section 6.1].
Selective absorption of visible light is what makes some
solutions appear colored; and, for a solution that is
colored, the intensity of color is related to the solution’s
concentration (see Figure 4.9). This effect gives rise to a type of
analysis known as visible spectrophotometry. A visible
spectrophotometer compares the intensity of light that enters a
sample (called the incident light) I,, with the intensity of the light
that is transmitted through the sample, I. Transmittance (T) is the
ratio of [ to I,.

T=-—

Equation 4.5
Iy

Absorbance (A) measures how much light is absorbed by the
solution and is defined as the negative logarithm of transmittance.

1
Equation 4.6 A = —logT = —logT
0

Plotting absorbance as a function of wavelength gives an
absorption spectrum. The absorption spectrum, that is, the charac-
teristic absorption over a range of wavelengths, can serve as a sort
of fingerprint for the identification of a compound in solution.

The quantitative relationship between absorbance and a
solution’s concentration is called the Beer-Lambert law and is
expressed as

Equation 4.7 A = ¢ebc

where & = proportionality constant called the molar
absorptivity
b = path length of solution (in cm) through
which light travels

¢ = molar concentration of solution

Equation 4.7 takes the form of the linear equation y = mx + b,
where y is the absorbance, m (the slope) is the product of molar
absorptivity and path length, x is the molar concentration, and
b (the y-intercept) is zero. The molar absorptivity is specific to a
chemical species and is a measure of how strongly the species
absorbs light at a particular wavelength. Figure 4.13 shows how
absorbance depends on path length and concentration. Quantitative
analysis using visible spectrophotometry generally requires selec-
tion of the appropriate wavelength for analysis (usually the wave-
length at which absorbance is highest), determination of absorbance
for a series of solutions of known concentration (the standards),
construction of a calibration curve (Figure 4.14), and calculation of
an unknown concentration using the calibration curve.

Absorbance expresses the magnitude of light absorption by a
sample. It would be significantly harder to determine unknown
concentrations if we were to plot transmittance as a function of
concentration because the relationship between concentration and
transmittance is not linear.

SECTION 4.5 Concentration of Solutions 163

How Are Solution Concentrations Measured?

—~Jp-
f— g

Detector
fo !
L1
%4
(@)
L |
Student Note: (b)

Both transmittance
and absorbance
are unitless
quantities.

=1
©

Figure 413 (a) A colored solution absorbs some of the incident
visible light, diminishing the light’s intensity from /o to /. (b) The
intensity is reduced more when the light travels through a longer
path length of the same solution or (c) when the light travels through
the same path length of a more concentrated solution.
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Figure 414 A calibration curve with absorbance (4) on the y axis
and molar concentration on the x axis. Linear regression is done
using a spreadsheet or graphing calculator to generate the line that
best fits all the calibration data. An unknown concentration can be
determined by drawing a dashed line from the point on the calibration
line corresponding to the measured absorbance to the x axis, as
shown. In this case, a measured absorbance of 0.83 corresponds to
a concentration of 11 M.
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4.51

4.5.2

4.5.3
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Concentration of Solutions

Calculate the molar concentration of a solution prepared
by dissolving 58.5 g NaOH in enough water to yield
1.25 L of solution.

a) 146 M
b) 46.8 M
¢) 214 x 107 M
d) 1.17M
e) 0.855 M

4.5.5 Which best represents the before-and-after molecular-level
view of the dilution of a concentrated stock solution?

What mass of glucose (C¢H ,0¢) in grams must be used in before

order to prepare 500 mL of a solution that is 2.50 M in
glucose?

a) 225 ¢g
b) 125 ¢
c) 200 g
d) 125¢
e) 625 g

What volume in milliliters of a 1.20 M HCI solution must
be diluted in order to prepare 1.00 L of 0.0150 M HCI?

a) 15.0 mL
b) 12.5 mL
¢) 12.0 mL
d) 85.0 mL 2 o @ od 9 -
e) 115 mL

(b)

(d

A solution that is 0.18 M in Na,COs is also ‘ o @
. (Choose all that apply.)

a) 0.18 M in CO%"
b) 0.18 M in Na*
¢) 0.09 M in Na*
d) 0.09 M in CO3~ T
e) 0.36 M in Na* A

(@

Student Note: According to the
information in Table 4.2, AgCl is an
insoluble exception to the chlorides,
which typically are soluble.

m Aqueous Reactions and Chemical Analysis

Experiments that measure the amount of a substance present are called quantitative analysis.
Certain aqueous reactions are useful for determining how much of a particular substance is
present in a sample. For example, if we want to know the concentration of lead in a sample of
water, or if we need to know the concentration of an acid, knowledge of precipitation reactions,
acid-base reactions, and solution stoichiometry will be useful. Two common types of such quan-
titative analyses are gravimetric analysis and titration.

Gravimetric Analysis

Gravimetric analysis is an analytical technique based on the measurement of mass. One type of
gravimetric analysis experiment involves the formation and isolation of a precipitate, such as AgCI(s):

AgNO;(aq) + NaCl(ag) —— NaNOs;(agq) + AgCI(s)
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This reaction is often used in gravimetric analysis because the reactants can be obtained
in pure form. The net ionic equation is

Ag+(aq) + Cl (ag) —— AgCl(s)

Suppose, for example, that we wanted to test the purity of a sample of NaCl by determining the
percent by mass of Cl. First, we would accurately weigh out some NaCl and dissolve it in water. To
this mixture, we would add enough AgNO; solution to cause the precipitation of all the CI” ions
present in solution as AgCl. (In this procedure, NaCl is the limiting reagent and AgNO; is the excess
reagent.) We would then separate, dry, and weigh the AgCl precipitate. From the measured mass of
AgCl, we would be able to calculate the mass of Cl using the percent by mass of Cl in AgCl. Because
all the Cl in the precipitate came from the dissolved NaCl, the amount of Cl that we calculate is the
amount that was present in the original NaCl sample. We could then calculate the percent by mass
of Cl in the NaCl and compare it to the known composition of NaCl to determine its purity.

Gravimetric analysis is a highly accurate technique, because the mass of a sample can be mea-
sured accurately. However, this procedure is applicable only to reactions that go to completion or have
nearly 100 percent yield. In addition, if AgCl were soluble to any significant degree, it would not be
possible to remove all the Cl™ ions from the original solution, and the subsequent calculation would
be in error. Sample Problem 4.12 shows the calculations involved in a gravimetric experiment.

SAMPLE PROBLEM

A 0.8633-g sample of an ionic compound containing chloride ions and an unknown metal cation is dissolved in water and treated with an
excess of AgNOs;. If 1.5615 g of AgCl precipitate forms, what is the percent by mass of Cl in the original compound?

Strategy Using the mass of AgCl precipitate and the percent composition of AgCl, determine what mass of chloride the precipitate contains.
The chloride in the precipitate was originally in the unknown compound. Using the mass of chloride and the mass of the original sample,
determine the percent Cl in the compound.

Setup To determine the percent Cl in AgCl, divide the molar mass of Cl by the molar mass of AgCl:
3545¢

S 100% = 24.73%
35452+ 1079 ¢ ‘ ‘

The mass of Cl in the precipitate is 0.2473 x 1.5615 g = 0.3862 g.
Solution The percent Cl in the unknown compound is the mass of Cl in the precipitate divided by the mass of the original sample:
0.3862 g

"2 5 100% = 44.73% Cl
0.8633 ¢ ‘ ‘

THINK ABOUT IT

Pay close attention to which humbers correspond to which quantities. It is easy in this type of problem to lose track of which mass is
the precipitate and which is the original sample. Dividing by the wrong mass at the end will result in an incorrect answer.

Practice Problem QTTEM PT A 0.5620-g sample of an ionic compound containing the bromide ion (Br") is dissolved in water and treated
with an excess of AgNO;. If the mass of the AgBr precipitate that forms is 0.8868 g, what is the percent by mass of Br in the original compound?

Practice Problem GU ILD A sample that is 63.9 percent chloride by mass is dissolved in water and treated with an excess of AgNO;. If
the mass of the AgCl precipitate that forms is 1.085 g, what was the mass of the original sample?

Practice Problem GONCEPT UALIZE Which diagram best represents the solution (originally containing sodium chloride) from which
the chloride has been removed by the addition of excess silver nitrate?

NO;=@ Nat=0 C' =@ Agt=@
) e, O ) e, O ) o, © Y o
o2 09 o * g 02 0 %080
e o J : @ 2 9
9 ) 9 9 9 ) 9 ) 9 9
~ . - . ' ) 'Y o \x ) )
o. ° o ©
p ® v @ p ® v @ ® v @ J “. ) @
(- (- () o
| 200828282 | | 20232323232 | | 20232323232 | | 20232323232 |
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Student Note: Standardization
in this context is the meticulous
determination of concentration.

Figure 415 Apparatus for titration.
©David A. Tietz/Editorial Image, LLC

Gravimetric analysis is a quantitative method, not a qualitative one, so it does not establish
the identity of the unknown substance. Thus, the results in Sample Problem 4.12 do not identify the
cation. However, knowing the percent by mass of Cl greatly helps us narrow the possibilities.
Because no two compounds containing the same anion (or cation) have the same percent composi-
tion by mass, comparison of the percent by mass obtained from gravimetric analysis with that cal-
culated from a series of known compounds could reveal the identity of the unknown compounds.

Acid-Base Titrations

Quantitative studies of acid-base neutralization reactions are most conveniently carried out using
a technique known as titration. In fitration, a solution of accurately known concentration, called
a standard solution, is added gradually to another solution of unknown concentration, until the
chemical reaction between the two solutions is complete, as shown in Figure 4.15. If we know
the volumes of the standard and unknown solutions used in the titration, along with the concen-
tration of the standard solution, we can calculate the concentration of the unknown solution.

A solution of the strong base sodium hydroxide can be used as the standard solution in a
titration, but it must first be standardized, because sodium hydroxide in solution reacts with carbon
dioxide in the air, making its concentration unstable over time. We can standardize the sodium
hydroxide solution by titrating it against an acid solution of accurately known concentration. The
acid often chosen for this task is a monoprotic acid called potassium hydrogen phthalate (KHP),
for which the molecular formula is KHCgH,O,. KHP is a white, soluble solid that is commercially
available in highly pure form. The reaction between KHP and sodium hydroxide is

KHC8H404(GC]) + NaOH(aq) ——— KNaC8H404(aC]) + Hzo(l)

HCgH4O4
and the net ionic equation is
HCyH,053(ag) + OH (ag) —— CsH,05™(aq) + H0()

Note that KHP is a monoprotic acid, so it reacts in a 1:1 ratio with hydroxide ion.
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To standardize a solution of NaOH with KHP, a known amount of KHP is transferred to
an Erlenmeyer flask and some distilled water is added to make up a solution. Next, NaOH solu- Student data indicate you may struggle
tion is carefully added to the KHP solution from a burette until all the acid has reacted with the with titrations. Access the eBook to view

. . . . . . ) | additional Learning Resources on this topic.
base. This point in the titration, where the acid has been completely neutralized, is called the
equivalence point. 1t is usually signaled by the endpoint, where an indicator causes a sharp

change in the color of the solution. In acid-base titrations, indicators are substances that have Student Note: The endpoint in a
distinctly different colors in acidic and basic media. One commonly used indicator is phenol- U 5 USRS o AIpRIenee s

. . . . ... . . . . . . equivalence point. A careful choice
phthalein, which is colorless in acidic and neutral solutions but reddish pink in basic solutions. o aleations, wiiidh we Chsauss
At the equivalence point, all the KHP present has been neutralized by the added NaOH and the in Chapter 16, helps make this
solution is still colorless. However, if we add just one more drop of NaOH solution from the SRR (EEseRlR.

. . . J . . . Phenolphthalein, although very

burette, the solution will be basic and will immediately turn pink. Sample Problem 4.13 illus- common, is not appropriate for
trates just such a titration. every acid-base titration.

SAMPLE PROBLEM

In a titration experiment, a student finds that 25.49 mL of an NaOH solution is needed to neutralize 0.7137 g of KHP. What is the
concentration (in M) of the NaOH solution?

Strategy Using the mass given and the molar mass of KHP, determine the number of moles of KHP. Recognize that the number of moles of
NaOH in the volume given is equal to the number of moles of KHP. Divide moles of NaOH by volume (in liters) to get molarity.
Setup The molar mass of KHP (KHCgH,0,) = [39.1 g + 5(1.008 g) + 8(12.01 g) + 4(16.00 g)] = 204.2 g/mol.

Solution

0.7137 g
moles of KHP = ————— = 0.003495 mol
204.2 g/mol

Because moles of KHP = moles of NaOH, then moles of NaOH = 0.003495 mol.

. 0.003495 mol
molarity of NaOH = 002549L  — 0.1371 M

THINK ABOUT IT

Remember that molarity can also be defined as mmol/mL. Try solving the problem again using millimoles and make sure you get the
same answer.

0.003495 mol = 3.495 x 103 mol = 3.495 mmol
and

3.495 mmol
25.49 mL

=01371 M

Practice Problem QTTEMPT How many grams of KHP are needed to neutralize 22.36 mL of a 0.1205 M NaOH solution?

Practice Problem E)UILD What volume HCH,03= & CHOI= 0 OH =@ Na*=0
(in mL) of a 0.2550 M NaOH solution can be
neutralized by 10.75 g of KHP?

Practice Problem GONCEPT UALIZE
Which diagram best represents a solution
(originally containing KHP for standardization of
NaOH titrant) at the equivalence point, and which
best represents the solution at the endpoint?

® (ii) (iii) (iv)

The reaction between NaOH and KHP is a relatively simple acid-base neutralization. Sup-
pose, though, that instead of KHP, we wanted to use a diprotic acid such as H,SO, for the titration.
The reaction is represented by

2NaOH(aq) + H,S0,(ag) ——> Na,SO04(aq) + 2H,0())

Because 2 mol NaOH = 1 mol H,SO,, we need twice as much NaOH to react completely
with an H,SO, solution of the same molar concentration and volume as a monoprotic acid such



168 CHAPTER 4 Reactions in Aqueous Solutions

as HCI. On the other hand, we would need twice the amount of HCI to neutralize a Ba(OH),
solution compared to an NaOH solution having the same concentration and volume because 1 mole
of Ba(OH), yields 2 moles of OH™ ions:

2HCl(agq) + Ba(OH),(ag) —— BaCl,(agq) + 2H,0(l)

In any acid-base titration, regardless of what acid and base are reacting, the total number
of moles of H ions that have reacted at the equivalence point must be equal to the total number
of moles of OH™ ions that have reacted. Sample Problem 4.14 explores the titration of an NaOH
solution with a diprotic acid.

SAMPLE PROBLEM

What volume (in mL) of a 0.203 M NaOH solution is needed to neutralize 25.0 mL of a 0.188 M H,SO, solution?

Strategy First, write and balance the chemical equation that corresponds to the neutralization reaction:
2NaOH(agq) + H,SO4(ag) —— 2H,0(/) + Na,SO,(aq)

The base and the diprotic acid combine in a 2:1 ratio: 2NaOH = H,SO,. Use the molarity and

the volume given to determine the number of millimoles of H,SO,. Use the number of millimoles Student Note:

of H,SO, to determine the number of millimoles of NaOH. Using millimoles of NaOH and the $:member: 't“O'af'tyt_;( TL = mllgrl'noles.
concentration given, determine the volume of NaOH that will contain the correct number of BN RERB NN D [Pl E:
millimoles.

Setup The necessary conversion factors are:
2 mmol NaOH
1 mmol H,SO,

1 mL NaOH
0.203 mmol NaOH

From the balanced equation:

From the molarity of the NaOH given:

Solution
millimoles of H,SO, = 0.188 M x 25.0 mL = 4.70 mmol

illimoles of NaOH required = 4.70 mmol Hhs0; x ~moLNaOH _ o o imol NaOH
milliimoles O al requirea = 4. .. =Y. mmo a
q 2554 X | mmol LSO,
1 mL NaOH
lume of 0.203 M NaOH = 9.4 _ i mLNaOR 463 mL
volume of 0.203 a0 9 0mmel—Na6Hx0’203 6.3

THINK ABOUT IT

Notice that the two concentrations 0.203 M and 0.188 M are similar. Both round to the same value (~0.20 M) to two significant figures.
Therefore, the titration of a diprotic acid with a monobasic base of roughly equal concentration should require roughly twice as much
base as the beginning volume of acid: 2 X 25.0 mL ~ 46.3 mL.

Practice Problem GTTEM PT How many milliliters of a 1.42 M H,SOj solution are needed to neutralize 95.5 mL of a 0.336 M KOH solution?
Practice Problem GU ILD How many milliliters of a 0.211 M HCI solution are needed to neutralize 275 mL of a 0.0350 M Ba(OH), solution?

Practice Problem GONCEPT UALIZE Which diagram best represents the ions in solution at the equivalence point in the titration of
Ba(OH), with HCI1?

Ht=0 C'=@® Ba*=@ OH =@
@ o ) e 9 o @
- ° i ° ® ° ° .
. ° ® 2 o © ol | @
o ) @ o ° @ =)
) ) ) ]
o * oJ ° J° e o °
@ @ @ e °
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Sample Problem 4.15 shows how titration with a standard base can be used to determine
the molar mass of an unknown acid.

SAMPLE PROBLEM

A 0.1216-g sample of a monoprotic acid is dissolved in 25 mL water, and the resulting solution is titrated with 0.1104 M NaOH solution. A
12.5-mL volume of the base is required to neutralize the acid. Calculate the molar mass of the acid.

Strategy Using the concentration and volume of the base, we can determine the number of moles of base required to neutralize the acid. We
then determine the number of moles of acid and divide the mass of the acid by the number of moles to get the molar mass.

Setup Because the acid is monoprotic, it will react in a 1:1 ratio with the base; therefore, the number of moles of acid will be equal to the
number of moles of base. The volume of base in liters is 0.0125 L.

Solution
moles of base = 0.0125 L x 0.1104 mol/L = 0.00138
Because moles of base = moles of acid, the moles of acid = 0.00138 mol. Therefore,

1 f the acid 0.1216 ¢ 88.1 1
molar mass of the aci = 0.00138 mol .1 g/mo

THINK ABOUT IT

For this technique to work, we must know whether the acid is monoprotic, diprotic, or polyprotic. A diprotic acid, for example, would
combine in a 1:2 ratio with the base, and the result would have been a molar mass twice as large.

Practice Problem QTTEMPT What is the molar mass of a monoprotic acid if 28.1 mL of 0.0788 M NaOH is required to neutralize a
0.205-g sample?

Practice Problem GU ILD What is the molar mass of a diprotic acid if 30.5 mL of 0.1112 M NaOH is required to neutralize a 0.1365-g sample?

Practice Problem GONCEPT UALIZE Consider aqueous solutions of two different acids. Each contains the same mass of acid, and
each requires the same volume of 0.10 M NaOH for complete neutralization—and yet the two acids do not have the same molar mass. Explain
how this is possible.

Redox Titration Figure 416 A redox titration of

.. . . . . . . . oxalate using KMnQ,(aq) as the
Another quantitative-analysis method is redox titration. Redox titration involves the use of an

oxidation-reduction reaction, with one reactant being delivered via a burette. In one common
type of redox titration, the titrant is a solution of potassium permanganate, which serves as both
the oxidizing agent and the indicator. In the analysis of oxalate ion, for example, permanganate
ion reacts with oxalate ion according to the equation

oxidizing agent and the indicator. Prior
to the equivalence point, the solution
in the flask is nearly colorless. At the
endpoint, all of the reducing agent has
been consumed and the excess

2MnO3(aq) + 5C,07 (ag) + 16H (ag) —— 2Mn**(ag) + 10CO4(aq) + 8H,0(aq) permanganate ion causes the solution

. . . L. . to turn purple.
Prior to the equivalence point, the solution is nearly colorless. When all of the oxalate ion OMcGraw-Hill Education/Stephen Frisch

has been consumed, one additional drop of potassium permanganate titrant will impart a purple Photographer
color to the solution—indicating the endpoint. (See Figure 4.16.)

In some redox titrations, a separate indicator is used. For example,
several common redox-titration methods use an iodine (I,) solution as the
oxidizing agent, and starch as the indicator. When all of the reducing agent
has been consumed, any excess iodine combines with the starch indicator
to produce an intensely colored blue species. When the iodine solution is
used as the titrant, the appearance of blue indicates that the reaction is
complete.

Sample Problem 4.16 illustrates the use of redox titration.

N32C204(aq) *
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SAMPLE PROBLEM

The vitamin C (ascorbic acid, C¢HgOg) content of Gatorade and other sports beverages can be measured by titration with iodine solution. The
reaction can be represented with the equation

L(ag) + CsHsOs(ag) — 2I"(aq) + C¢HOg(ag) + 2H(aq)

Determine the mass of vitamin C (in mg) contained in a 350-mL bottle of Gatorade if a 25.0-mL sample requires 29.25 mL of 0.00125 M 1,
solution to reach the endpoint.

Strategy Use the volume and concentration of the iodine solution to determine the number of moles of iodine reacted; then use the balanced
equation to determine the number of moles of vitamin C reacted. (In this case, the ratio of combination is 1:1.) Use this number of moles and
the molar mass of vitamin C to determine the mass of vitamin C in the 25.0-mL sample; and then determine the mass of vitamin C in the
total volume (350 mL).

Setup The molar mass of vitamin C is 176.1 g/mol. The volume of I, solution in liters is 0.02925 L.
Solution
0.02925 L x 0.00125 M = 3.656 x 10~ mol I,
= 3.656 x 107> mol vitamin C

176.1 g vitamin C

3.656 x 107> mol x
mol

=644x 107 g

g 1000 mg L
6.44 x 107" g X 1. - 6.440 mg vitamin C in 25.0 mL
g

6.440 mg

mL =
25.0 mL X 350 90 mg

THINK ABOUT IT

This problem could also be solved using fewer steps by using millimoles instead of moles.

Practice Problem QTTEMPT Todine is also used to analyze the sulfur dioxide content in wine. The species that reacts with iodine is
actually sulfurous acid (H,SOs3), and the reaction is represented by the equation

L(ag) + H,SO5(ag) ——> 21 (aq) + HSO5(aq) + 3H*(aq)
Determine the amount of sulfurous acid (in mg) in a 750-mL bottle of wine if a 50.0-mL sample requires 14.75 mL of 0.00115 M aqueous
iodine to reach the endpoint.
Practice Problem GU ILD The iron content of drinking water can be measured by titration with potassium permanganate. The reaction is
represented by the equation
5Fe’*(ag) + KMnOj(aq) + 8H"(ag) ——> 5Fe*"(ag) + Mn*'(aq) + 4H,0(])
Determine the concentration of iron in ppm (mg/L) of a sample of water if 25.0 mL of the water requires 21.30 mL of 2.175 x 107> M
KMnO, to reach the endpoint in a titration.
Practice Problem GONCEPT UALIZE Because iodine itself is not very soluble in water, “iodine” solutions used in redox titrations
generally contain the triiodide ion (I3). Thus, the equation for the redox titration of vitamin C with iodine can be written as
CeH3O4(aq) + I5(aq) —— C¢HgO4(aq) + 317 (ag) + 2H"(aq)

Which diagram best represents the ions remaining in solution at the equivalence point in a titration of vitamin C with triiodide? (Spectator
ions are not shown.)

H=0 I'=@ L=@
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CHECKPOINT — SECTION 4.6 Aqueous Reactions and Chemical Analysis

4.61 What mass of AgCl will be recovered if a solution 4.6.4 If 25.0 mL of an H,SO, solution requires 39.9 mL of
containing 5.00 g of NaCl is treated with enough AgNO; 0.228 M NaOH to neutralize, what is the concentration of
to precipitate all the chloride ion? the H,SO, solution?

a) 123 g a) 0.728 M
b) 5.00 g b) 0.364 M
c) 303 g c) 0.182 M
d) 923 ¢ d) 0.228 M
e) 100 g e) 0910 M

4.6.2 A 10.0-g sample of an unknown ionic compound is dis- 4.6.5 What volume of 0.144 M H,SO, is required to neutralize
solved, and the solution is treated with enough AgNO; 25.0 mL of 0.0415 M Ba(OH),?
to precipitate all the chloride ion. If 30.1 g of AgCl is a) 7.20 mL

recovered, which of the following compounds could be

the unknown? b) 3.60 mL

a) NaCl ¢) 144 mL

b) NaNOj; d) 50.0 mL

¢) BaCl, e) 12.5 mL

d) MgCl, 4.6.6 Which of the following best represents the contents of a
e) KCl beaker in which equal volumes of 0.10 M NaCl and 0.10 M

Pb(NO3), were combined?
4.6.3 Which of the following best represents the contents of a

beaker in which equal volumes of 0.10 M BaCl, and 0.10 M Nat= ) NOs;=@ P*=@ =0
AgNO; were combined?
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Chapter Summary

Section 41

e A solution is a homogeneous mixture consisting of a solvent and one
or more dissolved species called solutes.

e An electrolyte is a compound that dissolves in water to give an
electrically conducting solution. Nonelectrolytes dissolve to give
nonconducting solutions. Acids and bases are electrolytes.

e Electrolytes may be ionic or molecular. Ionic electrolytes undergo
dissociation in solution; molecular electrolytes undergo ionization.
Strong electrolytes dissociate (or ionize) completely. Weak
electrolytes ionize only partially.

Section 4.2

* A precipitation reaction results in the formation of an insoluble
product called a precipitate. From general guidelines about solubilities
of ionic compounds, we can predict whether a precipitate will form in
a reaction.

e Hydration is the process in which water molecules surround solute
particles.

e Solubility is the amount of solute that will dissolve in a specified
amount of a given solvent at a specified temperature.

* A molecular equation represents a reaction as though none of the
reactants or products has dissociated or ionized.

* Anionic equation represents the strong electrolytes in a reaction as ions.

* A spectator ion is one that is not involved in the reaction. Spectator
ions appear on both sides of the ionic equation. A net ionic equation
is an ionic equation from which spectator ions have been eliminated.

Section 4.3

e The hydrogen ion in solution is more realistically represented as the
hydronium ion (H;0%). The terms hydrogen ion, hydronium ion, and
proton are used interchangeably in the context of acid-base reactions.

e Arrhenius acids ionize in water to give H" ions, whereas Arrhenius
bases ionize (or dissociate) in water to give OH™ ions. Brgnsted acids
donate protons (H* ions), whereas Brgnsted bases accept protons.

e Brgnsted acids may be monoprotic, diprotic, or triprotic, depending
on the number of ionizable hydrogen atoms they have. In general, an
acid with more than one ionizable hydrogen atom is called polyprotic.

¢ The reaction of an acid and a base is a neutralization reaction. The
products of a neutralization reaction are water and a salt.

Section 4.4

Oxidation-reduction, or redox, reactions are those in which electrons
are exchanged. Oxidation and reduction always occur simultaneously.
You cannot have one without the other.

Oxidation is the loss of electrons; reduction is the gain of electrons. In
a redox reaction, the oxidizing agent is the reactant that gets reduced
and the reducing agent is the reactant that gets oxidized.

Oxidation numbers or oxidation states help us keep track of charge
distribution and are assigned to all atoms in a compound or ion
according to specific rules.

Many redox reactions can be further classified as combination,
decomposition, displacement, hydrogen displacement, combustion,
or disproportionation reactions. The activity series can be used to
determine whether or not a displacement reaction will occur.

A half-reaction is a chemical equation representing only the oxidation
or only the reduction of an oxidation-reduction reaction. Redox
equations, which must be balanced for both mass and charge, can be
balanced using the half-reaction method.

Section 4.5

The concentration of a solution is the amount of solute dissolved in a
given amount of solution. Molarity (M) or molar concentration expresses
concentration as the number of moles of solute in 1 L of solution.

Adding a solvent to a solution, a process known as dilution, decreases
the concentration (molarity) of the solution without changing the total
number of moles of solute present in the solution.

Visible spectrophotometry can be used to measure the concentration
of a colored solution. Transmittance (T) is the ratio of transmitted
light (/) to incident light (/). Absorbance (A) is the negative log

of transmittance. A plot of absorbance against wavelength is an
absorption spectrum. The Beer-Lambert law relates the absorbance
of a solution to its concentration and the path length through which
the light passes. The molar absorptivity is the proportionality
constant in the Beer-Lambert law.

Section 4.6

Gravimetric analysis often involves a precipitation reaction.

Acid-base titration involves an acid-base reaction. Typically, a
solution of known concentration (a standard solution) is added
gradually to a solution of unknown concentration with the goal of
determining the unknown concentration.

The point at which the reaction in the titration is complete is called
the equivalence point. An indicator is a substance that changes color
at or near the equivalence point of a titration. The point at which the
indicator changes color is called the endpoint of the titration.

Redox titration using an oxidation-reduction reaction is another
method of quantitative analysis.
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Half-reaction method, 150
Hydration, 135

Hydrogen displacement, 149
Hydronium ion, 141
Indicator, 167

Ionic equation, 137
Tonization, 130

Molar absorptivity, 163
Molar concentration, 155
Molarity, 155

Molecular equation, 136

Key Equations

Monoprotic acid, 141 Salt, 142
Net ionic equation, 137 Solubility, 135
Neutralization reaction, 142 Solute, 130

Solution, 130
Solvent, 130
Spectator ion, 137
Standard solution, 166

Nonelectrolyte, 130

Oxidation, 145

Oxidation number, 146
Oxidation-reduction reaction, 144
Oxidation state, 146 Strong electrolyte, 130
Titration, 166

Transmittance, 163

Oxidizing agent, 145
Polyprotic acid, 141
Precipitate, 134 Triprotic acid, 141

Visible spectrophotometry, 163

Weak electrolyte, 130

Precipitation reaction, 134
Redox reaction, 144
Redox titration, 169
Reducing agent, 145
Reduction, 145
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Key Equations

4.1 molarity =

4.3 MCXLC=MdXLd

4.4 Mc X mIJC = Md X de

1
45 T=—
I

0

I
4.6 A = —logT = —log—
Iy

4.7 A = ebc

moles solute
liters solution

4.2 moles of solute before dilution = moles of solute after dilution

One common expression of concentration is molarity, which is
determined by dividing moles of solute by volume of solution in liters.

When a given volume of concentrated solution is diluted, the
concentration changes but the number of moles of solute does not
change.

When a given volume of concentrated solution is diluted, the molarity
multiplied by liters before a dilution is equal to molarity multiplied by
liters after a dilution. This enables us to calculate the final molarity
after dilution, the number of liters of concentrated stock solution
required to perform a desired dilution, and so forth.

Often it is more convenient to multiply molarity by milliliters rather
than liters. Because the units will cancel, we can use any units of
volume in this equation.

In absorption spectrophotometry, transmittance (7') is equal to the
ratio of transmitted light (/) to incident light (/).

Absorbance (A) is equal to minus the log of transmittance.

The Beer-Lambert law is used to determine concentration from
absorbance (A), molar absorptivity (¢), and path length () through
the sample.




Net lonic Equations

A molecular equation is necessary to do stoichiometric calculations [l4¢ Section 3.3] but molecular equations often misrepresent the
species in a solution.

Net ionic equations are preferable in many instances because they indicate more succinctly the species in solution and the actual
chemical process that a chemical equation represents. Writing net ionic equations is an important part of solving a variety of
problems including those involving precipitation reactions, redox reactions, and acid-base neutralization reactions. To write net ionic
equations, you must draw on several skills from earlier chapters:

 Recognition of the common polyatomic ions [l4¢ Section 2.6]
 Balancing chemical equations and labeling species with (s), (1), (g), or (aq) [l44Section 3.1]
« Identification of strong electrolytes, weak electrolytes, and nonelectrolytes [l4¢ Section 4.1]

Writing a net ionic equation begins with writing and balancing the molecular equation. For example, consider the precipitation
reaction that occurs when aqueous solutions of sodium iodide and lead(Il) nitrate are combined.

Pb(NO3)>(aq) + | Nal(ag) J —

Exchanging the ions of the two aqueous reactants gives us the formulas of the products. The phases of the products are determined
by considering the solubility guidelines [l4¢ Tables 4.2 and 4.3].

Pb(NO3),(aq) + Nal(aq) J e Pbl,(s) + NaNOs(aq)

We balance the equation and separate the soluble strong electrolytes to get the ionic equation.

Pb(NO3),(aq) + 2| Nal(ag) ‘ —_ Pbl,(s) + 2| NaNOs(aq)

Pb%t(ag) |+ 2| NO3(aq) | + 2| Na'(ag) | + 2| I'(ag) | — | Pbly(s) | + 2| Nat(ag) | + 2| NO3(ag)

We then identify the spectator ions, those that are identical on both sides of the equation, and eliminate them.

What remains is the net ionic equation.

Pb>*(ag) |+ (2| NO3(ag) ||+]2 Na+(aq)J + 2| I(ag) | —| Pbly(s) |+ (2| Na*(ag) ||+ |2| NO3(aq)
+

Pb**(aq) J

21 (ag) | — | Pbly(s)
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Consider now the reaction that occurs when aqueous solutions of hydrochloric acid and potassium fluoride are combined.

HCl(ag) | + | KF(aq)

—_—

Again, exchanging the ions of the two aqueous reactants gives us the formulas of the products.

HCl(ag) | + | KF(ag)

HF(ag) + | KCl(ag)

This equation is already balanced. We separate soluble strong electrolytes into their constituent ions. In this case, although the
products are both aqueous, only one is a strong electrolyte. The other, HF, is a weak electrolyte.

H*(aq) + | Cl(ag) | + | Kf(ag) + | F(aq) — | HF(agq) | + | Kf(ag) + | Cl(ag)
We identify the spectator ions and eliminate them.
Ht(ag) | + || Cl(aq) §[+|| K*(ag) + | F(ag) — | HF(ag) | +|| Kf(ag) ||+|| Cl(aq)
What remains is the net ionic equation.

H*(aq) | + | Fi(ag) |—| HF(aq)

You must be able to identify the species in solution as strong, weak, or nonelectrolytes so that you know which should be separated

into ions and which should be left as molecular or formula units.

Key Skills Problems

4.1
‘What is the balanced net ionic equation for the precipitation of FeSO,(s) when aqueous
solutions of K,SO, and FeCl, are combined?

(a) 2K*(aq) + SOF (aq) + Fe**(aq) + 2C1 (aq) —>
FeSO,(s) + 2K*(ag) + 2Cl (ag)
(b) Fe**(ag) + SO3 (ag) — FeSO.(s)
(¢) K>SO4(aq) + FeCly(ag) —> FeSO4(s) + 2KCl(aq)
(d) Fe**(ag) + 2803 (ag) — FeSO4(s)
(e) 2K*(ag) + 2803 (ag) + Fe**(ag) + 2CI ™ (ag) — > FeSO,(s)

4.2

Consider the following net ionic equation: Cd**(ag) + 20H (ag) —>
Cd(OH),(s). If the spectator ions in the ionic equation are NO3(ag) + K*(ag), what
is the molecular equation for this reaction?

(a) CdNO;(aq) + KOH(ag) — Cd(OH),(s) + KNOs(aq)
(b) Cd**(aq) + NO;3(aq) + 2K*(ag) + OH (ag) ——>
Cd(OH),(s) + 2K*(ag) + NO3(aq)
(c) Cd(NO»),(ag) + 2KOH(ag) —> Cd(OH),(s) + 2KNOs(aq)
(d) Cd(OH),(s) + 2KNO3(ag) —> Cd(NO;),(aq) + 2KOH(aq)
(e) Cd**(ag) + NO3(aq) + K*(ag) + OH (ag) —>
Cd(OH)4(s) + K*(ag) + NOj3 (aq)

4.3
The net ionic equation for the neutralization of acetic acid (HC,H;0,) with lithium
hydroxide [LiOH(aq)] is

(a) H"(aq) + OH (ag) — H,O())

(b) H(ag) + C,H;05 (ag) — HC,H;0,(aq)

(¢) HC;H;30,(aq) + OH™ (ag) — H,0()) + C,H305(ag)

(d) HC,H;0,(aq) + Li*(aq) + OH (ag) — H,0(l) + LiC,H;0,(aq)
(e) H*(aq) + C,H;05(ag) + OH (ag) — H,O(!) + C,H;05 (aq)

44

‘When steel wool [Fe(s)] is placed in a solution of CuSO,(ag), the steel becomes coated
with copper metal and the characteristic blue color of the solution fades. What is the net
ionic equation for this reaction?

(a) Fe(s) + CuSO,(aq) — FeSO,(aq) + Cu(s)
(b) Fe**(ag) + Cu(s) — Fe(s) + Cu**(aq)

(c) FeSOy(ag) + Cu(s) — > Fe(s) + CuSOy4(aq)
(d) Fe(s) + Cu**(ag) — Fe**(aq) + Cu(s)

(e) Fe(s) + Cu(ag) — Fe(aq) + Cu(s)
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Questions and Problems

trolyte, a weak electrolyte, or a strong electrolyte [l4¢ Sample Problem 4.1]. (b) If a sports drink is 0.0015 M in both potassium citrate
and potassium phosphate, what is the overall concentration of potassium in the drink [l«¢ Sample Problem 4.11]? (c) The aqueous
iodine used to determine vitamin C content in sports drinks can be prepared by combining aqueous solutions of iodic acid (HIO3)
and hydroiodic acid (HI). (The products are aqueous iodine and liquid water.) Write a balanced equation for this reaction [l4¢ Sample
Problem 3.3]. (d) Write the net ionic equation for the reaction [l4¢ Sample Problem 4.3]. (e) Determine the oxidation number for each
element in the net ionic equation [l¢ Sample Problem 4.5].

Applying What You’ve Learned

SECTION 4.1: GENERAL PROPERTIES OF

AQUEOUS SOLUTIONS

Review Questions

4.1

4.2

4.3

4.4

4.5

Define solute, solvent, and solution by describing the
process of dissolving a solid in a liquid.

What is the difference between a nonelectrolyte and an
electrolyte? Between a weak electrolyte and a strong
electrolyte?

What is the difference between the symbols —— and
<= in chemical equations?

Water, which we generally consider to be a nonelectrolyte,
is actually an extremely weak electrolyte and therefore
cannot conduct electricity. Why are we often cautioned not
to operate electrical appliances when our hands are wet?
Lithium fluoride (LiF) is a strong electrolyte. What
species are present in LiF(aq)?

Conceptual Problems

4.6 The aqueous solutions of three compounds are shown in

the diagrams. Identify each compound as a nonelectrolyte,
a weak electrolyte, or a strong electrolyte.

0'30 'S
.O
® | & e

)
00.

(@) (b) (c)

4.7 Which of the following diagrams best represents the
hydration of NaCl when dissolved in water? The CI™ ion
is larger in size than the Na* ion.
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(a) (b) (©)

4.8

4.9

4.10

4.11

4.12

4.13

Sports drinks typically contain sucrose (C;,H»,0O;), fructose (CsH;,04), sodium citrate (Na;C¢Hs0), potassium citrate
(K3CH505), and ascorbic acid (H,C4H¢Og), among other ingredients. (a) Classify each of these ingredients as a nonelec-

Identify each of the following substances as a strong
electrolyte, weak electrolyte, or nonelectrolyte: (a) H,O,
(b) KCI, (¢c) HNO;3, (d) HC,H;0,, (¢) C12H,0y;5.
Identify each of the following substances as a strong
electrolyte, weak electrolyte, or nonelectrolyte:

(a) Ba(NO3),, (b) Ne, (c) NH3, (d) NaOH.

The passage of electricity through an electrolyte
solution is caused by the movement of (a) electrons
only, (b) cations only, (c) anions only, (d) both cations
and anions.

Predict and explain which of the following systems are
electrically conducting: (a) solid NaCl, (b) molten NaCl,
(c) an aqueous solution of NaCl.

You are given a water-soluble compound X. Describe
how you would determine whether it is an electrolyte or
a nonelectrolyte. If it is an electrolyte, how would you
determine whether it is strong or weak?

Explain why a solution of HCI in benzene does not
conduct electricity but in water it does.

SECTION 4.2: PRECIPITATION REACTIONS

Review Questions

4.14

4.15

4.16

Describe hydration. What properties of water enable its
molecules to interact with ions in solution?

What is the difference between an ionic equation and a
molecular equation?

What is the advantage of writing net ionic equations?

Conceptual Problems

4.17

Two aqueous solutions of AgNO; and NaCl are mixed.
Which of the following diagrams best represents the
mixture?

Nat(aq) Agt(aq) Nat(aq)
Cl'(aq) Cl'(aq) NO3(aq)
Agt(aq)
i AgCl(s)
NO3(ag) NaNOj;(s) AgCl(s) NaNOj5(s)
(a) () © (d)



4.18

4.19

4.20

4.21

4.22

4.23

Two aqueous solutions of KOH and MgCl, are mixed.
Which of the following diagrams best represents the
mixture?

Mg**(ag) K*(aq) K*(aq)
OH (aq) Cl (aq) Cl;gaq)
Mg 7 (051) KCI(S)
KCis) | |[Mg©Hus)| | OF @ | | MgOH) ()

(a) (b) (© (d)

Characterize the following compounds as soluble or
insoluble in water: (a) Ca3(PO,),, (b) Mn(OH),,

(c) AgClO;, (d) K,S.

Characterize the following compounds as soluble or
insoluble in water: (a) CaCOs, (b) ZnSOy, (c) Hg(NO3),,
(d) HgSO,, (e) NH,ClO,.

Write ionic and net ionic equations for the following
reactions:

(a) AgNOs(ag) + NaySO,(ag) ——

(b) BaCly(aq) + ZnSOy4(aq) ——

(¢) (NH,),CO5(aq) + CaCly(ag) ——

Write ionic and net ionic equations for the following
reactions:

(a) Na,S(aq) + ZnCly(ag) ——

(b) KsPO4(ag) + 3Sr(NO3)s(ag) ——

(c) Mg(NOy)s(ag) + 2NaOH(aq) ——

Which of the following processes will likely result in a
precipitation reaction? (a) Mixing an NaNOj; solution
with a CuSQ, solution. (b) Mixing a BaCl, solution
with a K,SO, solution. Write a net ionic equation for
the precipitation reaction.

SECTION 4.3: ACID-BASE REACTIONS

Review Questions

4.24
4.25

4.26

4.27

4.28

4.29

List the general properties of acids and bases.

Give Arrhenius’s and Brgnsted’s definitions of an acid
and a base. Why are Brgnsted’s definitions more useful
in describing acid-base properties?

Give an example of a monoprotic acid, a diprotic acid,
and a triprotic acid.

What are the products of an acid-base neutralization
reaction?

What factors qualify a compound as a salt? Specify
which of the following compounds are salts: CH,, NaF,
NaOH, CaO, BaSO,, HNO;, NH;, KBr.

Identify the following as a weak or strong acid or base:
(a) NH;3, (b) H;PO,, (c) LiOH, (d) HCOOH (formic acid),
(e) H,SO,, (f) HF, (g) Ba(OH),.

Conceptual Problems

4.30

4.31

Identify each of the following species as a Brgnsted
acid, base, or both: (a) HI, (b) C,H;05, (c) H,POy,
(d) HSOy.

Identify each of the following species as a Brgnsted
acid, base, or both: (a) POZ‘, (b) CIO3, (c) NHj,
(d) HCOs3.

4.32

4.33
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Balance the following equations and write the
corresponding ionic and net ionic equations (if
appropriate):

(2) HBr(aq) + NH3(ag) ——

(b) Ba(OH)1(aq) + H3PO4(aq) ——

(¢) HCIO4(aq) + Mg(OH)y(s) ——

Balance the following equations and write the
corresponding ionic and net ionic equations (if
appropriate):

(2) HC,H;30,(agq) + KOH(ag) ——

(b) H,COs(aq) + NaOH(ag) ——

(¢) HNO3(ag) + Ba(OH),(ag) ——

SECTION 4.4: OXIDATION-REDUCTION

REACTIONS

Review Questions

4.34

4.35
4.36

4.37

4.38

4.39

4.40

Give an example of a combination redox reaction, a
decomposition redox reaction, and a displacement
redox reaction.

Is combustion always a redox reaction? Explain.

What is an oxidation number? How is it used to identify
redox reactions? Explain why, except for ionic
compounds, the oxidation number does not have any
physical significance.

(a) Without referring to Figure 4.8, give the oxidation
numbers of the alkali and alkaline earth metals in their
compounds. (b) Give the highest oxidation numbers that
the Groups 3A-7A elements can have.

How is the activity series organized? How is it used in
the study of redox reactions?

Use the following reaction to define the terms redox
reaction, half-reaction, oxidizing agent, and reducing
agent: 4Na(s) + O,(g) —— 2Na,O(s).

Is it possible to have a reaction in which oxidation
occurs and reduction does not? Explain.

Conceptual Problems

4.41

4.42

443

4.44

For the complete redox reactions given here, break
down each reaction into its half-reactions, identify the
oxidizing agent, and identify the reducing agent.

(a) 2Sr + O, —— 2SrO

(b) 2Li + H, —— 2LiH

(c) 2Cs + Br, —— 2CsBr

(d) 3Mg + N, —— Mg;N,

For the complete redox reactions given here, write the half-
reactions and identify the oxidizing and reducing agents:
(a) 4Fe + 30, —— 2Fe,0;

(b) Cl, + 2NaBr —— 2NaCl + Br,

(c) Si + 2F, —— SiF,

(d) H, + Cl, —— 2HCI

Arrange the following species in order of increasing
oxidation number of the sulfur atom: (a) H,S, (b) Sg,

(©) HyS0,, (d) $*7, () HS™, (f) SO, (g) SOs.
Phosphorus forms many oxoacids. Indicate the oxidation
number of phosphorus in each of the following acids:
(a) HPO;, (b) H3PO,, (c) H3PO;, (d) H3PO,,

(€) HyP,04, (f) HsP30,.
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4.45 Give the oxidation numbers for the underlined atoms in
the following molecules and ions: (a) CIF, (b) IF,,
(¢) CHy, (d) GH,, (e) CoHy, () KyCrOy, (g) KoCr 05,
(h) KMnO,, (i) NaHCO3, (j) Liy, (k) NalOs, (1) KO,,
(m) PFg, (n) KAuCl,.

4.46 Give the oxidation number for the following species:
H,, Seg, Py, O, U, Asy, Bys.

4.47 Give the oxidation numbers for the underlined atoms in
the following molecules and ions: (a) Cs,0, (b) Cal,,
(¢) ALOs, (d) H3As0;, (e) TiO,, (f) MoO3, (g) PtCI5™,
(h) PCIz", (i) SnF,, (j) CIFs, (k) SbFs.

4.48 Give the oxidation numbers for the underlined atoms in
the following molecules and ions: (a) Mg;N», (b) CsO,,
(¢) CaCy, (d) CO3™, () G057, () Zn03™, (g) NaBH,,
(h) WO;™.

4.49 Nitric acid is a strong oxidizing agent. State which of
the following species is least likely to be produced when
nitric acid reacts with a strong reducing agent such as
zinc metal, and explain why: N,O, NO, NO,, N,Oy,
N,Os, NHJ.

4.50 Determine which of the following metals can react with
acid: (a) Au, (b) Ni, (c) Zn, (d) Ag, (e) Pt.

4.51 One of the following oxides does not react with
molecular oxygen: NO, N,O, SO,, SO;, P,O¢. Based on
oxidation numbers, which one is it? Explain.

4.52 Predict the outcome of the reactions represented by the
following equations by using the activity series, and
balance the equations.

(a) Cu(s) + HCl(ag) ——
(b) Au(s) + NaBr(aqg) ——
(c) Mg(s) + CuSO4(aq) —
(d) Zn(s) + KBr(aq) ——

4.53 Classify the following redox reactions as combination,

decomposition, or displacement:
(a) 2H,0, —— 2H,0 + O,
(b) Mg + 2AgNO; —— Mg(NO3), + 2Ag
(¢) NHyNO, —— N, + 2H,0
(d) H, + Br, —— 2HBr
4.54 Classify the following redox reactions as combination,

decomposition, or displacement:

(a) P4+ 10Cl, —— 4PCl;

(b) 2NO —— N, + O,

(¢) Cl, + 2KI —— 2KCI + I,

(d) 3HNO, —— HNO; + H,0 + 2NO

SECTION 4.5: CONCENTRATION OF SOLUTIONS

- Visualizing Chemistry
Figure 4.10 Preparing a Solution from a Solid

VC 4.1 Which of the following would result in the actual

concentration of the prepared solution being higher than

the final, calculated value?

a) Loss of some of the solid during transfer to the
volumetric flask.

b) Neglecting to add the last bit of water with the wash
bottle to fill to the volumetric mark.

c¢) Neglecting to tare the balance with the weigh paper
on the pan.

VC4.2

VC4.3

VC4.4

(i1)

Why can’t we prepare the solution by first filling the

volumetric flask to the mark and then adding the solid?

a) The solid would not all dissolve.

b) The solid would not all fit into the flask.

¢) The final volume would not be correct.

What causes the concentration of the prepared solution

not to be exactly 0.1 M?

a) Rounding error in the calculations.

b) The volume of the flask is not exactly 250 mL.

¢) The amount of solid weighed out is not exactly the
calculated mass.

The volumetric flask used to prepare a solution from a

solid is shown before and after the last of the water has

been added. Which of the following statements is true?

a) The concentration of solute is higher in (i) than in (ii).

b) The concentration of solute is lower in (i) than in (ii).

¢) The concentration of solute in (i) is equal to the
concentration of solute in (ii).

Review Questions

4.55

4.56

4.57

4.58

Write the equation for calculating molarity. Why is
molarity a convenient concentration unit in chemistry?
Describe the steps involved in preparing a solution of
known molar concentration using a volumetric flask.
Describe the basic steps involved in diluting a solution
of known concentration.

Write the equation that enables us to calculate the
concentration of a diluted solution. Give units for all
the terms.

Computational Problems

4.59

4.60

4.61

4.62

4.63

Calculate the mass of KI in grams required to prepare
5.00 x 10> mL of a 2.80-M solution.

Describe how you would prepare 250 mL of a 0.707 M
NaNOj; solution.

How many moles of MgCl, are present in 60.0 mL of a
0.100 M MgCl, solution?

How many grams of KOH are present in 35.0 mL of a
5.50 M KOH solution?

Calculate the molarity of each of the following
solutions: (a) 29.0 g of ethanol (C,HsOH) in 545 mL of
solution, (b) 15.4 g of sucrose (C;,H»,0Oy;) in 74.0 mL
of solution, (c) 9.00 g of sodium chloride (NaCl) in
86.4 mL of solution.



4.64

4.65

4.66

4.67

4.68

4.69

4.70

4.71

4.72

4.73

4.74

Calculate the molarity of each of the following solutions:
(a) 6.57 g of methanol (CH;0H) in 1.50 x 10*> mL of
solution, (b) 10.4 g of calcium chloride (CaCl,) in

2.20 x 10* mL of solution, (c) 7.82 g of naphthalene
(C,oHg) in 85.2 mL of benzene solution.

Calculate the volume in milliliters of a solution required
to provide the following: (a) 2.14 g of sodium chloride
from a 2.70-M solution, (b) 4.30 g of ethanol from a
1.50-M solution, (c) 0.85 g of acetic acid (HC,H;0,)
from a 0.30-M solution.

Determine how many grams of each of the following
solutes would be needed to make 2.50 x 10> mL of a
0.100-M solution: (a) cesium iodide (Csl), (b) sulfuric
acid (H,SO,), (¢) sodium carbonate (Na,COs3),

(d) potassium dichromate (K,Cr,0,), (e) potassium
permanganate (KMnOy).

Describe how to prepare 1.00 L of a 0.646 M HC1
solution, starting with a 2.00 M HCI solution.

Water is added to 25.0 mL of a 0.866 M KNOj; solution
until the volume of the solution is exactly 500 mL. What
is the concentration of the final solution?

How would you prepare 60.0 mL of 0.200 M HNO;
from a stock solution of 4.00 M HNO;?

You have 505 mL of a 0.125 M HCI solution and you
want to dilute it to exactly 0.100 M. How much water
should you add?

(a) Determine the chloride ion concentration in each of
the following solutions: 0.150 M BaCl,, 0.566 M NaCl,
1.202 M AICl;. (b) What is the concentration of a
Sr(NOs), solution that is 2.55 M in nitrate ion?

(a) What is the Na* concentration in each of the
following solutions: 3.25 M sodium sulfate, 1.78 M
sodium carbonate, 0.585 M sodium bicarbonate?

(b) What is the concentration of a lithium carbonate
solution that is 0.595 M in Li*?

Determine the resulting nitrate ion concentration when
95.0 mL of 0.992 M potassium nitrate and 155.5 mL of
1.570 M calcium nitrate are combined.

What volume of 0.112 M ammonium sulfate contains
5.75 g of ammonium ion?

SECTION 4.6: AQUEOUS REACTIONS

AND CHEMICAL ANALYSIS

Review Questions

4.75

4.76

4.77

4.78
4.79

Describe the basic steps involved in gravimetric
analysis. How does this procedure help us determine the
identity of a compound or the purity of a compound if
its formula is known?

Distilled water must be used in the gravimetric analysis
of chlorides. Why?

Describe the basic steps involved in an acid-base
titration. Why is this technique of great practical value?
How does an acid-base indicator work?

A student carried out two titrations using an NaOH
solution of unknown concentration in the burette. In one
titration, she weighed out 0.2458 g of KHP (KHCgH,O,4)
and transferred it to an Erlenmeyer flask. She then
added 20.00 mL of distilled water to dissolve the acid.
In the other titration, she weighed out 0.2507 g of KHP

4.80
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but added 40.00 mL of distilled water to dissolve the acid.
Assuming no experimental error, would she obtain the
same result for the concentration of the NaOH solution?
Would the volume of a 0.10 M NaOH solution needed to
titrate 25.0 mL of a 0.10 M HNO, (a weak acid) solution
be different from that needed to titrate 25.0 mL of a
0.10 M HCI (a strong acid) solution?

Computational Problems

4.81

4.82

4.83

4.84

4.85

4.86

4.87

4.88

4.89

4.90

491

If 30.0 mL of 0.150 M CaCl, is added to 15.0 mL of
0.100 M AgNO;, what is the mass in grams of AgCl
precipitate?
A sample of 0.6760 g of an unknown compound
containing barium ions (Ba2+) is dissolved in water and
treated with an excess of Na,SO,. If the mass of the
BaSQ, precipitate formed is 0.4105 g, what is the percent
by mass of Ba in the original unknown compound?
How many grams of NaCl are required to precipitate most
of the Ag ions from 2.50 x 10> mL of a 0.0113 M AgNO;
solution? Write the net ionic equation for the reaction.
Calculate the concentration (in molarity) of an NaOH
solution if 25.0 mL of the solution is needed to
neutralize 17.4 mL of a 0.312 M HCI solution.
Calculate the volume in milliliters of a 1.420 M NaOH
solution required to titrate the following solutions:
a) 25.00 mL of a 2.430 M HCI solution
b) 25.00 mL of a 4.500 M H,SO, solution
¢) 25.00 mL of a 1.500 M H;PO, solution
What volume of a 0.500 M HCI solution is needed to
neutralize each of the following:
a) 10.0 mL of a 0.300 M NaOH solution
b) 10.0 mL of a 0.200 M Ba(OH), solution
Determine the mass of product that will precipitate
when 50.0 mL 0.135 M Pb(NO3), and 50.0 mL of
0.250 M KCI are combined.
Determine the mass of product that will precipitate
when 150.0 mL 0.2753 M Pb(NOs),(ag) and 220.5 mL
of 0.1873 M Nal(aq) are combined.
Determine the mass of product that will precipitate
when 175.5 mL 0.1225 M K,SO, and 75.00 mL of
0.2705 M KCl are combined.
Determine the mass of product that will precipitate
when 125.2 mL 0.8015 M AgNO; and 50.00 mL of
0.7850 M Na,CrO, are combined.
For each of the following pairs of combinations, indicate
which one will produce the greater mass of solid product:
a) 105.5 mL 1.508 M Pb(NO3), and 250.0 mL

1.2075 M KC1

or

138.5 mL 1.469 M Pb(NO3), and 100.0 mL 2.115 M KCI
b) 32.25 mL 0.9475 M Na;PO, and 92.75 mL

0.7750 M Ca(NOs),

or

52.50 mL 0.6810 M Na;PO, and 39.50 mL

1.555 M Ca(NO;),
¢) 29.75 mL 1.575 M AgNO; and 25.00 mL

2.010 M BaCl,

or

52.80 mL 2.010 M AgNOs; and 73.50 mL

0.7500 M BaCl,
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For each of the following pairs of combinations, indicate
which one will produce the greater mass of solid product:
a) 32.75 mL 1.005 M Hg,(NO3), and 40.75 mL
0.9885 M NaCl
or
21.45 mL 0.9995 M Hg,(NO3), and 41.00 mL
1.245 M NaCl
b) 45.25 mL 0.8895 M Ca(C,H;0,), and 175.4 mL
0.2440 M NaOH
or
51.50 mL 0.8545 M Ca(C,H;0,), and 225.8 mL
0.2211 M NaOH
c) 248.2 mL 1.095 M AgNOj; and 25.00 mL 2.010 M
Ba(C,H;0,),
or
250.5 mL 0.4095 M AgNO; and 35.00 mL 1.475 M
Ba(C,H;0,),

Conceptual Problems

4.93
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Diagram (a) shows a solution of a base and an acid
before the neutralization reaction. Each of the after-
reaction diagrams, (b)—(d), shows the products of
reaction with one of the following acids: HCI, H,SO,,
H;PO,. Determine which diagram corresponds to which
acid. Blue spheres = OH™ ions, red spheres = acid
molecules, green spheres = anions of the acids. Assume
all the acid-base neutralization reactions go to completion.

® o ) °
¢ @ o||@ o @ "
° : ° ° °J °||¢ o
® o o o o o 5
(a) (b) (©) (d)

Diagram (a) shows a mixture of HCI and a base before

the neutralization reaction. Of diagrams (b)—(d), which
represents the products of reaction when the base is
sodium hydroxide and which represents the products when
the base is barium hydroxide? Blue spheres = base, red
spheres = H*, grey spheres = cations of the bases. Assume
all the acid-base neutralization reactions go to completion.
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ADDITIONAL PROBLEMS
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Classify the following reactions according to the types
discussed in the chapter:

() Cl + 20H" —— CI" + CIO™ + H,0

(b) Ca®* + CO3™ —— CaCO,

(c) NH; + HY —— NH}

(d) 2CCl4 + CrO;” —— 2COCl, + CrO,Cl, + 2C17
(e) Ca+ F, —— CaF,

(f) 2Li + H, —— 2LiH

(g) Ba(NOs3), + Na,SO, —— 2NaNO; + BaSO,

(h) CuO + H, —— Cu + H,0

(i) Zn + 2HCl —— ZnCl, + H,

(j) 2FeCl, + Cl, —— 2FeCl;
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Oxygen (O,) and carbon dioxide (CO,) are colorless and
odorless gases. Suggest two chemical tests that would
allow you to distinguish between these two gases.
Which of the following aqueous solutions would you
expect to be the best conductor of electricity at 25°C?
Explain your answer.

a) 0.20 M NaCl

b) 0.60 M HC,H;0,

¢) 0.25 M HC1

d) 0.20 M Mg(NO3),

A 5.00 x 10* mL sample of 2.00 M HCI solution is
treated with 4.47 g of magnesium. Calculate the
concentration of the acid solution after all the metal has
reacted. Assume that the volume remains unchanged.
Calculate the volume of a 0.156 M CuSO, solution that
would react with 7.89 g of zinc.

Sodium carbonate (Na,CO;) is available in very pure
form and can be used to standardize acid solutions.
What is the molarity of an HCl solution if 28.3 mL of
the solution is required to react with 0.256 g of Na,CO;?
Identify each of the following compounds as a
nonelectrolyte, a weak electrolyte, or a strong electrolyte:
(a) ethanolamine (C,HsONH,), (b) potassium

fluoride (KF), (¢) ammonium nitrate (NH4NO3),

(d) isopropanol (C3H;OH).

Identify each of the following compounds as a
nonelectrolyte, a weak electrolyte, or a strong
electrolyte: (a) lactose (C,H»,0y;), (b) lactic acid
(HC3H;505), (¢) dimethylamine [(CH3),NH], (d) barium
hydroxide [Ba(OH),].

Determine the predominant species (there may be more
than one) in an aqueous solution for each of the
compounds in Problem 4.101.

Determine the predominant species (there may be more
than one) in an aqueous solution for each of the
compounds in Problem 4.102.

A 3.664-g sample of a monoprotic acid was dissolved in
water. It took 20.27 mL of a 0.1578 M NaOH solution to
neutralize the acid. Calculate the molar mass of the acid.
A quantitative definition of solubility is the number of
grams of a solute that will dissolve in a given volume of
water at a particular temperature. Describe an experiment
that would enable you to determine the solubility of a
soluble compound.

A 15.00-mL solution of potassium nitrate (KNO3) was
diluted to 125.0 mL, and 25.00 mL of this solution was
then diluted to 1.000 x 10* mL. The concentration of
the final solution is 0.00383 M. Calculate the
concentration of the original solution.

When 2.50 g of a zinc strip was placed in an AgNO;
solution, silver metal formed on the surface of the strip.
After some time had passed, the strip was removed from the
solution, dried, and weighed. If the mass of the strip was
3.37 g, calculate the mass of Ag and Zn metals present.
Calculate the mass of the precipitate formed when

2.27 L of 0.0820 M Ba(OH), is mixed with 3.06 L of
0.0664 M Na,SO,.

Calculate the concentration of the acid (or base)
remaining in solution when 10.7 mL of 0.211 M HNO,
is added to 16.3 mL of 0.258 M NaOH.



4.111

4.112

4.113

4.114

4.115

4.116

4.117

(=== A

A 60.0-mL 0.513 M glucose (C¢H;,Og) solution is
mixed with 120.0 mL of a 2.33 M glucose solution.
What is the concentration of the final solution? Assume
the volumes are additive.

An ionic compound X is only slightly soluble in water.
What test would you employ to show that the compound
does indeed dissolve in water to a certain extent?

You are given a colorless liquid. Describe three chemical
tests you would perform on the liquid to show it is water.
Chemical tests of four metals A, B, C, and D show the
following results.

(a) Only B and C react with 0.5 M HCI to give H, gas.
(b) When B is added to a solution containing the ions of
the other metals, metallic A, C, and D are formed.

(c) A reacts with 6 M HNO; but D does not.

Arrange the metals in increasing order as reducing
agents. Suggest four metals that fit these descriptions.

A volume of 46.2 mL of a 0.568 M calcium nitrate
[Ca(NOs3),] solution is mixed with 80.5 mL of a 1.396 M
calcium nitrate solution. Calculate the concentration of
the final solution.

Using the apparatus shown in Figure 4.1, a student
found that a sulfuric acid solution caused the lightbulb
to glow brightly. However, after the addition of a certain
amount of a barium hydroxide [Ba(OH),] solution, the
light began to dim even though Ba(OH), is also a strong
electrolyte. Explain.

Which of the diagrams shown corresponds to the
reaction between AgOH(s) and HNO3(agq)? Write a
balanced equation for the reaction. (For simplicity, water
molecules are not shown.)
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Which of the diagrams shown corresponds to the
reaction between Ba(OH),(aq) and H,SO,(aq)? Write a
balanced equation for the reaction. (For simplicity, water
molecules are not shown.)
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You are given a soluble compound of an unknown
molecular formula. (a) Describe three tests that would
show that the compound is an acid. (b) Once you have
established that the compound is an acid, describe how
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you would determine its molar mass using an NaOH
solution of known concentration. (Assume the acid is
monoprotic.) (¢) How would you find out whether the
acid is weak or strong? You are provided with a sample
of NaCl and an apparatus like that shown in Figure 4.1
for comparison.

You are given two colorless solutions, one containing
NaCl and the other sucrose (C,H,,04;). Suggest a
chemical and a physical test that would allow you to
distinguish between these two solutions.

Is the following reaction a redox reaction? Explain.

30,(g) — 20s(9)

Hydrochloric acid is not an oxidizing agent in the sense
that sulfuric acid and nitric acid are. Explain why the
chloride ion is not a strong oxidizing agent like SO~
and NO;3.

Explain how you would prepare potassium iodide (KI)
by means of (a) an acid-base reaction and (b) a reaction
between an acid and a carbonate compound.

Sodium reacts with water to yield hydrogen gas. Why is
this reaction not used in the laboratory preparation of
hydrogen?

Describe how you would prepare the following
compounds: (a) Mg(OH),, (b) Agl, (c) Ba3(POy),.
Someone spilled concentrated sulfuric acid on the floor
of a chemistry laboratory. To neutralize the acid, would
it be preferable to pour concentrated sodium hydroxide
solution or spray solid sodium bicarbonate over the
acid? Explain your choice and the chemical basis for the
action.

Describe in each case how you would separate the
cations or anions in the following aqueous solutions:
(a) NaNO; and Ba(NO3),, (b) Mg(NOs), and KNO3,

(c) KBr and KNO;, (d) K3PO,4 and KNO3, (e) Na,CO;
and NaNO;.

The following are common household compounds: salt
(NaCl), sugar (sucrose), vinegar (contains acetic acid),
baking soda (NaHCOs), washing soda (Na,COj; - 10H,0),
boric acid (H;BO3, used in eyewash), Epsom salts
(MgSO, - 7TH,0), sodium hydroxide (used in drain
openers), ammonia, milk of magnesia [Mg(OH),], and
calcium carbonate. Based on what you have learned in
this chapter, describe tests that would allow you to
identify each of these compounds.

Sulfites (compounds containing the SO3™ ions) are used
as preservatives in dried fruits and vegetables and in
wine making. In an experiment to test for the presence
of sulfite in fruit, a student first soaked several dried
apricots in water overnight and then filtered the solution
to remove all solid particles. She then treated the
solution with hydrogen peroxide (H,O,) to oxidize the
sulfite ions to sulfate ions. Finally, the sulfate ions were
precipitated by treating the solution with a few drops of
a barium chloride (BaCl,) solution. Write a balanced
equation for each of the preceding steps.

A 0.8870-g sample of a mixture of NaCl and KCl is
dissolved in water, and the solution is then treated with
an excess of AgNO; to yield 1.913 g of AgCl. Calculate
the percent by mass of each compound in the mixture.
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4.131 Chlorine forms a number of oxides with the following

oxidation numbers: +1, +3, +4, +6, and +7. Write a

formula for each of these compounds.

A useful application of oxalic acid is the removal of rust

(Fe,03) from, say, bathtub rings according to the

reaction

Fe,05(s) + 6H,C,04(ag) ——
2Fe(C,0,)3 (ag) + 3H,0 + 6H (aq)

4.132

Calculate the number of grams of rust that can be removed
by 5.00 x 10* mL of a 0.100-M solution of oxalic acid.
A 22.02-mL solution containing 1.615 g Mg(NOs), is
mixed with a 28.64-mL solution containing 1.073 g
NaOH. Calculate the concentrations of the ions remaining
in solution after the reaction is complete. Assume
volumes are additive.

Because the acid-base and precipitation reactions
discussed in this chapter all involve ionic species, their
progress can be monitored by measuring the electrical
conductance of the solution. Match each of the following
reactions with one of the diagrams shown here. The
electrical conductance is shown in arbitrary units.

(1) A 1.0 M KOH solution is added to 1.0 L of 1.0 M HC,H;0,.
(2) A 1.0 M NaOH solution is added to 1.0 L of 1.0 M HCl.

(3) A 1.0 M BaCl, solution is added to 1.0 L of 1.0 M K,SO,.

(4) A 1.0 M NaCl solution is added to 1.0 L of 1.0 M AgNOs.

(5) A 1.0 M HC,H;0, solution is added to 1.0 L of 1.0 M NH;.
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4.135 A volume of 35.2 mL of a 1.66 M KMnQO, solution is
mixed with 16.7 mL of a 0.892 M KMnOQj, solution.
Calculate the concentration of the final solution.

4.136 Can the following decomposition reaction be
characterized as an acid-base reaction? Explain.
NH,CI(s) —— NH;(g) + HCl(g)
4.137 Give a chemical explanation for each of the following:

(a) When calcium metal is added to a sulfuric acid
solution, hydrogen gas is generated. After a few minutes,
the reaction slows down and eventually stops even
though none of the reactants is used up. Explain. (b) In
the activity series, aluminum is above hydrogen, yet the
metal appears to be unreactive toward hydrochloric acid.
Why? (Hint: Al forms an oxide, Al,O3, on the surface.)
(c) Sodium and potassium lie above copper in the
activity series. Explain why Cu®* ions in a CuSO,
solution are not converted to metallic copper upon the
addition of these metals. (d) A metal M reacts slowly
with steam. There is no visible change when it is

placed in a pale green iron(I) sulfate solution. Where
should we place M in the activity series? (e) Before
aluminum metal was obtained by electrolysis, it was
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produced by reducing its chloride (AlCl;) with an active
metal. What metals would you use to produce aluminum
in that way?

The recommended procedure for preparing a very

dilute solution is not to weigh out a very small mass

or measure a very small volume of a stock solution.
Instead, it is done by a series of dilutions. A sample of
0.8214 g of KMnO, was dissolved in water and made up
to the volume in a 500-mL volumetric flask. A 2.000-mL
sample of this solution was transferred to a 1000-mL
volumetric flask and diluted to the mark with water.
Next, 10.00 mL of the diluted solution was transferred
to a 250-mL flask and diluted to the mark with water.
(a) Calculate the concentration (in molarity) of the final
solution. (b) Calculate the mass of KMnO, needed to
directly prepare the final solution.

A 0.9157-g mixture of CaBr, and NaBr is dissolved in
water, and AgNOs is added to the solution to form AgBr
precipitate. If the mass of the precipitate is 1.6930 g,
what is the percent by mass of NaBr in the original
mixture?

Use the periodic table framework given here to show the
names and positions of two metals that can (a) displace
hydrogen from cold water and (b) displace hydrogen
from acid. (c) Also show two metals that do not react
with either water or acid.

A 325-mL sample of solution contains 25.3 g of CaCl.,.
(a) Calculate the molar concentration of CI™ in this
solution. (b) How many grams of CI™ are in 0.100 L of
this solution?

What is the oxidation number of O in HFO?

Draw molecular models to represent the following acid-
base reactions:

(a) OH™ + H;0" —— 2H,0

(b) NH} + NH; —— 2NH;

Identify the Brgnsted acid and base in each case.

On standing, a concentrated nitric acid gradually turns
yellow. Explain. (Hint: Nitric acid slowly decomposes.
Nitrogen dioxide is a colored gas.)

When preparing a solution of known concentration,
explain why one must first dissolve the solid completely
before adding enough solvent to fill the volumetric flask
to the mark.

Industrial Problems

4.146

Acetic acid (HC,H50,) is an important ingredient of
vinegar. A sample of 50.0 mL of a commercial vinegar
is titrated against a 1.00 M NaOH solution. What is the
concentration (in M) of acetic acid present in the vinegar
if 5.75 mL of the base is needed for the titration?
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Phosphoric acid (H;PO,) is an important industrial
chemical used in fertilizers, detergents, and the food
industry. It is produced by two different methods. In the
electric furnace method elemental phosphorus (P,) is
burned in air to form P,O,, which is then combined
with water to give H3POy,. In the wet process the mineral
phosphate rock [Cas(POy);F] is combined with sulfuric
acid to give H;PO, (and HF and CaSQ,). Write equations
for these processes, and classify each step as precipitation,
acid-base, or redox reaction.

Ammonium nitrate (NH,;NO3) is one of the most
important nitrogen-containing fertilizers. Its purity can
be analyzed by titrating a solution of NH,NO; with a
standard NaOH solution. In one experiment a 0.2041-g
sample of industrially prepared NH,NO; required

24.42 mL of 0.1023 M NaOH for neutralization.

(a) Write a net ionic equation for the reaction. (b) What
is the percent purity of the sample?

Hydrogen halides (HF, HCI1, HBr, HI) are highly
reactive compounds that have many industrial and
laboratory uses. (a) In the laboratory, HF and HCI can
be generated by combining CaF, and NaCl with
concentrated sulfuric acid. Write appropriate equations
for the reactions. (Hint: These are not redox reactions.)
(b) Why is it that HBr and HI cannot be prepared
similarly, that is, by combining NaBr and Nal with
concentrated sulfuric acid? (Hint: H,SO, is a stronger
oxidizing agent than both Br, and I,.) (¢) HBr can be
prepared by reacting phosphorus tribromide (PBr;) with
water. Write an equation for this reaction.

Biological Problems
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(a) Describe a preparation for magnesium hydroxide
[Mg(OH),] and predict its solubility. (b) Milk of
magnesia contains mostly Mg(OH), and is effective in
treating acid (mostly hydrochloric acid) indigestion.
Calculate the volume of a 0.035 M HCl solution (a
typical acid concentration in an upset stomach) needed
to react with two spoonfuls (approximately 10 mL) of
milk of magnesia [at 0.080 g Mg(OH),/mL].
Potassium superoxide (KO,) is used in some self-
contained breathing equipment by firefighters. It reacts
with carbon dioxide in respired (exhaled) air to form
potassium carbonate and oxygen gas. (a) Write an
equation for the reaction. (b) What is the oxidation
number of oxygen in the O; ion? (c) How many liters
of respired air can react with 7.00 g of KO, if each liter
of respired air contains 0.063 g of CO,?

Barium sulfate (BaSO,) has important medical uses.
The dense salt absorbs X rays and acts as an opaque
barrier. Thus, X-ray examination of a patient who has
swallowed an aqueous suspension of BaSO, particles
allows the radiologist to diagnose an ailment of the
patient’s digestive tract. Given the following starting
compounds, describe how you would prepare BaSO, by
neutralization and by precipitation: Ba(OH),, BaCl,,
BaCO;, H,SO,, and K,SO,.

Acetylsalicylic acid (HC9H,0,) is a monoprotic acid
commonly known as “aspirin.” A typical aspirin tablet,
however, contains only a small amount of the acid. In an
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experiment to determine its composition, an aspirin
tablet was crushed and dissolved in water. It took

12.25 mL of 0.1466 M NaOH to neutralize the solution.
Calculate the number of grains of aspirin in the tablet
(one grain = 0.0648 g).

The general test for Type 2 diabetes is that the blood
sugar (glucose, CsH;,Og) level should be below 120 mg
per deciliter. Convert this concentration to molarity.

Environmental Problems
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The concentration of lead ions (Pb2+) in a sample of
polluted water that also contains nitrate ions (NO3) is
determined by adding solid sodium sulfate (Na,SO,) to
exactly 500 mL of the water. (a) Write the molecular
and net ionic equations for the reaction. (b) Calculate
the molar concentration of Pb** if 0.00450 g of Na,SO,
was needed for the complete precipitation of Pb** ions
as PbSO,.

The current maximum level of fluoride that the EPA
allows in U.S. drinking water is 4 mg/L. Convert this
concentration to molarity.

The concentration of Cu®* ions in the water (which also
contains sulfate ions) discharged from a certain industrial
plant is determined by adding excess sodium sulfide
(Na,S) solution to 0.800 L of the water. The molecular
equation is

Na,S(aq) + CuSO,(aq) —— Na,SOy4(aq) + CuS(s)

Write the net ionic equation and calculate the molar
concentration of Cu”" in the water sample if 0.0177 g
of solid CusS is formed.

Multiconcept Problems
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The following “cycle of copper” experiment is
performed in some general chemistry laboratories.

The series of reactions starts with copper and ends with
metallic copper. The steps are as follows: (1) A piece
of copper wire of known mass is allowed to react with
concentrated nitric acid [the products are copper(II)
nitrate, nitrogen dioxide, and water]. (2) The copper(Il)
nitrate is treated with a sodium hydroxide solution to
form copper(Il) hydroxide precipitate. (3) On heating,
copper(Il) hydroxide decomposes to yield copper(Il)
oxide. (4) The copper(Il) oxide is combined with
concentrated sulfuric acid to yield copper(II) sulfate.
(5) Copper(Il) sulfate is treated with an excess of zinc
metal to form metallic copper. (6) The remaining zinc
metal is removed by treatment with hydrochloric acid,
and metallic copper is filtered, dried, and weighed.

(a) Write a balanced equation for each step and classify
the reactions. (b) Assuming that a student started with
65.6 g of copper, calculate the theoretical yield at each
step. (¢) Considering the nature of the steps, comment
on why it is possible to recover most of the copper
used at the start.

The police often use a device called a Breathalyzer to
test drivers suspected of being drunk. In one type of
device, the breath of a driver suspected of driving under
the influence of alcohol is bubbled through an orange
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solution containing potassium dichromate (K,Cr,0;)
and sulfuric acid (H,SO,). The alcohol in the driver’s
breath reacts with the dichromate ion to produce
acetic acid (HC,H50,), which is colorless, and green
chromium(III) sulfate [Cr,(SOy);]. The degree of color
change from orange to green indicates the alcohol
concentration in the breath sample, which is used to
estimate blood alcohol concentration. The balanced
overall equation for the Breathalyzer reaction is

3CH,CH,0H(g) + 2K,Cr,0,(aq) + 8H,S0,(aq) ——
3HC2H302((ZQ) + 2Cr2(SO4)3(aq) + 2K2504(aq) + 11H20(l)

(a) Classify each of the species in the Breathalyzer
reaction as a strong electrolyte, weak electrolyte, or
nonelectrolyte. (b) Write the ionic and net ionic equations
for the Breathalyzer reaction. (c) Determine the oxidation
number of each element in the overall equation. (d) One
manufacturer of Breathalyzers specifies a potassium
dichromate concentration of 0.025 percent weight per
volume (0.025 g K,Cr,05 per 100 mL of solution).
Express this concentration in terms of molarity.

(e) What volume of 0.014-M stock solution of K,Cr,0;
would have to be diluted to 250 mL to make a solution

Standardized-Exam Practice Problems

of the specified concentration? (f) Using square-bracket
notation, express the molarity of each ion in a K,Cr,0;
solution of the specified concentration.

4.160 Absorbance values for five standard solutions of a

colored solute were determined at 410 nm with a 1.00-cm
path length, giving the following table of data:

Solute concentration (M) A
0.250 0.165
0.500 0.317
0.750 0.510
1.000 0.650
1.250 0.837

The absorbance of a solution of unknown concentration
containing the same solute was 0.400. (a) What is the
concentration of the unknown solution? (b) Determine
the absorbance values you would expect for solutions
with the following concentrations: 0.4 M, 0.6 M, 0.8 M,
1.1 M. (c) Calculate the average molar absorptivity of
the compound and determine the units of molar
absorptivity.

Physical and Biological Sciences
One of the atmospheric pollutants that contributes to acid rain is nitrogen
dioxide (NO,). A major source of NO, is automobile exhaust. When nitro-
gen in the air is burned in an internal combustion engine, it is converted to
nitric oxide (NO):
N,(g) + Oy(g) —> 2NO(g) [Equation I]
The NO is then oxidized in the atmosphere to form NO,:
2NO(g) + O,(g) —— 2NO,(g) [Equation II]

NO, is a brown gas that is largely responsible for the orange-brown haze
visible over some densely populated cities. It exists in equilibrium with its
colorless dimeric form:

2NO,(g) =—= N,04(g) [Equation III]
Atmospheric NO, reacts with water to form nitric and nitrous acids:

2NO,(g) + H,O(l) =——= HNOs(aq) + HNO,(aq) [Equation IV]

1. What is the reducing agent in Equation I?

a) N,

b) O,

¢) NO

d) There is no reducing agent in Equation I.

. According to Equation 1V, if 5 g of NO, reacts with 1355 mL of

water, what will be the resulting concentration of HNO; and the
resulting concentration of HNO,, respectively? (Assume that the
volume of the resulting solution is equal to the volume of water.)

a) 0.04 M and 0.01 M
b) 0.04 M and 0.02 M
¢) 0.08 M and 0.02 M
d) 0.08 M and 0.02 M

. What type of reaction does Equation IV represent?

a) Disproportionation
b) Decomposition

¢) Combination

d) Combustion

. What is the correct sequence of oxidation numbers for N in N,

NO2, N204, HNO3, and HNOzr)

a) +1, +4, +2, +6, +4
b) 0, -2, +4, +5, +5
c) 0, +4,+4, +5,+3
d) +1, +2, +4, +6, +4



Answers to In-Chapter Materials

Answers to Practice Problems

4.1A nonelectrolyte, weak electrolyte, and strong electrolyte. 4.1B weak
electrolyte, nonelectrolyte, and strong electrolyte. 4.2A (a) insoluble,

(b) soluble, and (c) insoluble. 4.2B (a) soluble, (b) insoluble, and (c) soluble.
4.3A Sr(NO3),(aq) + Li,SO4(ag) —— SrSO,(s) + 2LiNO;(ag),

Sr**(ag) + 2NO3(ag) + 2Li*(ag) + SOT (ag) — SrSO,(s) + 2Li*(aqg) +
2NO3(aq), St**(ag) + SO~ (ag) — SrSOL(s). 4.3B 2KNO;(ag) +
BaCl,(aq) — 2KCl(aq) + Ba(NOs),(aq), 2K*(aq) + 2NO3(aq) +
Ba**(ag) + 2C1 (ag) — 2K (ag) + 2C1 (ag) + Ba**(ag) + 2NO3(ag),
no net ionic equation (no reaction). 4.4A Ba(OH),(aq) + 2HF(ag) ——
BaF,(s) + 2H,0(l), Baz+(aq) + 20H (aq) + 2HF(ag) — BaF,(s) +
2H,0(0), Ba**(ag) + 20H (ag) + 2HF (ag) —— BaF(s) + 2H,0()).
4.4B 2NH;(aq) + H,SO4(ag) —— (NH,),SO4(aq), 2NH;(ag) + H (aq) +
HSOj(ag) — 2NH(aq) + SO7 (aq), 2NH;(ag) + H'(ag) + HSO(ag)
— 2NHi(ag) + SO (ag). 45AH=+1,0=—1,Mn = +4, 0 = -2,
H=+1,S=+6,0=-2.45BO0=-1,Cl=+1,0=-2,Cl=+5,0=-2.
4.6A (a) no reaction, (b) Sn(s) + Cu**(ag) —— Sn**(ag) + Cu(s),

(c) no reaction. 4.6B (a) Ni(s) + Cu2+(aq) —_— Ni“(aq) + Cu(s), (b) no
reaction, (c) Al(s) + Au*(aq) —— AP*(aq) + Au(s). 4.7A (a) 3Mg(s) +
2Cr(C,H50,)5(ag) —> 3Mg(C,H;30,),(aq) + 2Cr(s), Mg is oxidized and
Cr is reduced; (b) no reaction; (c) Cd(s) + 2AgNO;(aq) — 2Ag(s) +
Cd(NOs),(ag), Cd is oxidized and Ag is reduced. 4.7B (a) no reaction,

(b) Au is reduced and Ag is oxidized, (c) H is reduced and Sn is oxidized.
4.8A (a) 0.137 M, (b) 9.18 L, (c) 0.259 mol. 4.8B (a) 0.707 M, (b) 6.48 L,
(c) 16.1 mol. 4.9A 21 mL. 4.9B 3.8 L. 4.10A 1.638 M, 0.4095 M,

0.1024 M, 2.559 x 107> M, 6.398 x 107> M. (b) 0.1638 mol,

4.095 x 107> mol, 1.024 x 107> mol, 2.559 x 10~ mol, 6.398 X 10~ mol.
4.10B 2.45 M. 4.11A [A**] = 1.50 M, [SO3 1 =2.25 M. 4.11B [CI"] =
0.250 M and 0.50 M. 4.12A 67.13%. 4.12B 0.420 g. 4.13A 0.5502 g KHP.
4.13B 206.4 mL. 4.14A 11.3 mL. 4.14B 91.2 mL. 4.15A 92.6 g/mol.
4.15B 80.5 g/mol. 4.16A 21 mg. 4.16B 5.17 ppm.
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Answers to Checkpoints

411c.412¢e.413b.414c.42.1a,b,d. 42.2a,c,d 423b.4.2.4b.
4.2.5d.42.6e.43.12.43.2b.433¢c.43.4d.43.5c.43.6a.44.1¢.
442a.443a,b,d. 444a,b,d. 451d.452a.453b.454a,e.455a.
4.5.6¢.4.6.12.4.6.2d.4.6.3b.4.6.4c.4.6.5a.4.6.6c.

Design Icon Credits: Animation icon: ©McGraw-Hill Education; Hot Spot Icon: ©LovArt/Shutterstock.com



CHAPTER

Thermochemistry

Doughnuts, although typically high in fat and Calories, are very popular. The energy
content of food such as doughnuts is determined using the principles of

thermochemistry.
©Brand X Pictures/PunchStock
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In This Chapter, You Will Learn

About the energy changes associated with chemical reactions
and physical processes. You will also learn how calorimetry is
used to measure the energy released or absorbed during a
process.

Before You Begin, Review These Skills

+ Tracking units [l4¢ Section 1.6]
+ Balancing chemical equations [l4¢ Section 3.3]

How Thermochemistry Helped Uncover
Deceptive Labeling of “Diet” Doughnuts

The Food and Drug Administration (FDA) and the U.S. Department of Agriculture (USDA)
require “Nutrition Facts” labels on nearly all prepared foods. These labels indicate such things
as serving size, grams of fat per serving, and Calories per serving. Health-conscious consumers
typically are avid readers of food labels and use them to make informed dietary choices. Fur-
thermore, because dieting to lose weight is something of a national obsession, many Americans
are willing to pay premium prices for packaged foods that both taste good and are low in fat
and Calories. For this reason, it is important that the labels on packaged foods contain accurate
information.

In 1997, spurred by numerous complaints from consumers and health-care professionals, the
FDA launched an investigation into the practices of a weight-loss product company with packag-
ing facilities in Kentucky and Illinois. The company sold “low-fat, carob-coated”” doughnuts that,
according to package labeling, each contained just 3 g of fat and 135 Calories. According to an
analysis by the FDA, the doughnuts were actually chocolate-coated and each contained 18 g of
fat and 530 Calories! As the FDA investigation revealed, the company had simply purchased
ordinary doughnuts from a Chicago bakery and repackaged them as “diet” doughnuts, marking
up the price by as much as 200 percent. The investigation led to a criminal indictment.

Experimental determination of the caloric content of food involves burning a weighed sample
of the food in a bomb calorimeter. The heat generated by the combustion, which is equal to
the energy content of the food, is determined by measuring the resulting temperature increase
in the calorimeter. Calorimetry is one of the practical applications of the principles of
thermochemistry.

Nutrition Facts

64 servings per container
Serving size 1 tbsp {149}

Amount per serving

Calories 130
% DV*
Total Fat 14g 18%
Saturated Fat 2g 10%
Trans Fat 2g
Polyunsaturated Fat 4g
Monounsaturated Fat 6g
Sodium Omg 0%
Total Carbohydrate Og 0%

Protein Og

Mot a significant source of cholesterol, dietary fiber,
total sugars, added sugars, vitamin D, calcium, iron,
and potassium

* %DV = %Daily Value

Source: Food and Drug Administration

Student Note: Carob is a chocolate
substitute made from the seed pods
of the Mediterranean Carob tree.

Student Note: Cell respiration is the
complex, multistep process by which
living things convert the food they eat
into energy, carbon dioxide, and water.
Combustion occurs in a single step
but is the same overall process, with
the same products, as cell respiration.

At the end of this chapter, you
will be able to solve a series of
problems related to the fat and
calorie content of doughnuts
[W Applying What You've
Learned, page 220].
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Student Note: Some textbooks use
the letter v to denote velocity.

m Energy and Energy Changes

Matter can undergo physical changes and chemical changes [« Section 1.4]. The melting of ice,
for example, is a physical change that can be represented by the following equation:

H,0(s) —— H,0())

The formation of water from its constituent elements, represented by the following equation, is
an example of a chemical change:

2Hy(g) + Ox(8) —— 2H,0()

In each case, there is energy involved in the change. Energy (in the form of heat) must be sup-
plied to melt ice, whereas energy (in the form of heat and light) is produced by the explosive
combination of hydrogen and oxygen gases. In fact, every change that matter undergoes is
accompanied by either the absorption or the release of energy. In this chapter, we focus on the
energy changes associated with physical and chemical processes.

Forms of Energy

Energy is usually defined as the capacity to do work or transfer heat. All forms of energy are
either kinetic or potential. Kinetic energy is the energy that results from motion. It is calculated
with the equation

Equation 5.1 E =1 mi?

where m is the mass of the object and u is its velocity. One form of kinetic energy of particular
interest to chemists is thermal energy, which is the energy associated with the random motion of
atoms and molecules. We can monitor changes in thermal energy by measuring temperature changes.

Potential energy is the energy possessed by an object by virtue of its position. The two
forms of potential energy of greatest interest to chemists are chemical energy and electrostatic
energy. Chemical energy is energy stored within the structural units (molecules or polyatomic
ions) of chemical substances. The amount of chemical energy in a sample of matter depends on
the types and arrangements of atoms in the structural units that make up the sample.

Electrostatic energy is potential energy that results from the interaction of charged par-
ticles. Oppositely charged particles attract each other, whereas particles of like charges repel
each other. The magnitude of the resulting electrostatic potential energy is proportional to the
product of the two charges (Q, and Q,) divided by the distance (d) between them.

0.0,

Equation 5.2 E, P

If the charges Q; and Q, are opposite (i.e., one positive and one negative), the result is a nega-
tive value for E,, which indicates attraction. Like charges (i.e., both positive or both negative)
result in a positive value for E, indicating repulsion.

Kinetic and potential energy are interconvertible—that is, one form can be converted to
the other. For example, dropping an object and allowing it to fall converts potential energy to
kinetic energy. Likewise, a chemical reaction that gives off heat converts chemical energy (poten-
tial) to thermal energy (kinetic). Although energy can assume many different forms that are
interconvertible, the total amount of energy in the universe is constant. When energy of one
form disappears, the same amount of energy must appear in another form or forms. This prin-
ciple is known as the law of conservation of energy.

Energy Changes in Chemical Reactions

To analyze energy changes associated with chemical reactions, we must first define the system,
the specific part of the universe that is of interest to us. For chemists, systems usually include
the substances involved in chemical and physical changes. In an acid-base neutralization experi-
ment, for example, the system may be the contents of a beaker in which HCI and NaOH react
with each other. The rest of the universe outside the system, including the beaker itself, consti-
tutes the surroundings.
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Many chemical reactions are carried out for the purpose of exploiting the associated energy
change, rather than for the purpose of obtaining the products of the reactions. For example,
combustion reactions involving fossil fuels are carried out for the thermal energy they produce,
not for their products, which are carbon dioxide and water.

It is important to distinguish between thermal energy and heat. Heat is the transfer of
thermal energy between two bodies that are at different temperatures. Although the term heat
by itself implies the transfer of energy, we customarily talk of “heat flow,” meaning “heat
absorbed” or “heat released,” when describing the energy changes that occur during a process.
Thermochemistry is the study of heat (the transfer of thermal energy) in chemical reactions.

The combustion of hydrogen gas in oxygen is one of many chemical reactions that release
considerable quantities of energy (Figure 5.1):

2H,(g) + O,(g) —— 2H,0(]) + energy

In this case, we label the mixture of reactants and product (hydrogen, oxygen, and water
molecules) the system. Because energy cannot be created or destroyed, any energy released by the
system must be gained by the surroundings. Thus, the heat generated by the combustion process
is transferred from the system to its surroundings. This reaction is an example of an exothermic
process, which is any process that gives off heat—that is, transfers thermal energy from the system
fo the surroundings. Figure 5.2(a) shows the energy change for the combustion of hydrogen gas.

Next, consider the decomposition of mercury(Il) oxide (HgO) at high temperatures:

energy + 2HgO(s) —— 2Hg(l) + Oa(g)

This reaction is an erndothermic process because heat has to be supplied to the system (i.e., to
HgO) by the surroundings [Figure 5.2(b)] for the reaction to occur. Thus, thermal energy is
transferred from the surroundings fo the system in an endothermic process.

According to Figure 5.2, the energy of the products of an exothermic reaction is lower
than the energy of the reactants. The difference in energy between the reactants H, and O, and
the product H,O is the heat released by the system to the surroundings. In an endothermic reac-
tion, on the other hand, the energy of the products is higher than the energy of the reactants.
Here, the difference between the energy of the reactant HgO and the products Hg and O, is the
heat absorbed by the system from the surroundings.

Units of Energy

The SI unit of energy is the joule (J), named for the physicist James Joule." The joule is a fairly
small quantity of energy. It is the amount of kinetic energy possessed by a 2-kg mass moving
at a speed of 1 m/s.

E = tmui* = 52kg) (1 m/s)? = 1kg - m*/s? = 1]

2H,(8) + 05(8)
o =
.y Heat given off =
20 by system 2D
2 2
3} =
2Hg()) + 0x(g)
¢ Heat absorbed
Y T by system
2H,0()) 2HgO(s)
Exothermic Endothermic

(a) (b)

1. James Prescott Joule (1818-1889). English physicist. As a young man, Joule was tutored by John Dalton. He is most famous for
determining the mechanical equivalent of heat, the conversion between mechanical energy and thermal energy.
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Figure 5.1 The Hindenburg, a German
airship filled with hydrogen gas, was
destroyed in a horrific fire as it landed at
Lakehurst, New Jersey, in 1937.
©Bettmann/Corbis

| 4

Animation
Thermochemistry—heat flow in
endothermic and exothermic
reactions.

Student Note: In these examples, all
the energy released or absorbed by
the system is in the form of heat. In
Section 5.2, we consider examples in
which some of the energy is in the
form of work.

Figure 5.2 (a) An exothermic
reaction. Heat is given off by the
system. (b) An endothermic reaction.
Heat is absorbed by the system.



190 CHAPTER 5 Thermochemistry

The joule can also be defined as the amount of energy exerted when a force of 1 newton (N)
is applied over a distance of 1 meter.

1J=1N-m
where
I N=1kg - m/s’
Because the magnitude of a joule is so small, we very often express the energy changes in
chemical reactions using the unit kilojoule (kJ).

1 kI = 10007

Sample Problem 5.1 shows how to calculate kinetic and potential energies.

SAMPLE PROBLEM

(a) Calculate the kinetic energy of a helium atom moving at a speed of 125 m/s. (b) How much greater is the magnitude of electrostatic
attraction between an electron and a nucleus containing three protons versus that between an electron and a nucleus containing one proton?
(Assume that the distance between the nucleus and the electron is the same in each case.)

Strategy (a) Use Equation 5.1 (E, = %muz) to calculate the kinetic energy of an atom. We will need to know the mass of the atom in
kilograms. (b) Use Equation 5.2 (£, < Q;0,/d) to compare the electrostatic potential energy between the two charged particles in each case.

Setup (a) The mass of a helium atom is 4.003 amu. Its mass in kilograms is
1.661 x 107 g 1 kg

4.003 amu X X T =6.649 x 10~ kg
1 amu 1x10° g

(b) The charge on a nucleus with three protons is +3; the charge on a nucleus with one proton is +1. In each case, the electron’s charge is —1.
Although we are not given the distance between the opposite charges in either case, we are told that the distances in both cases are equal. We
can write Equation 5.2 for each case and divide one by the other to determine the relative magnitudes of the results.

Solution

(a) Ey = %mu2

= 5(6.649 x 1077 kg)(125 m/s)>

519 x 107* kg - m%s*>=5.19 x 1072 ]

Remember that the base units of the joule are kg - m%/s”.

0.0
(b) Eq o = =
(+3)(=1)
Eel (X - .
EgwhereZ=+3 d 3
Egwhere Z=—1 (+D)(=1)
el X
d

The electrostatic potential energy between charges of +3 and —1 is three times that between charges of +1 and —1.

THINK ABOUT IT

We expect the energy of an atom, even a fast-moving one, to be extremely small. And we expect the attraction between charges of
larger magnitude to be greater than that between charges of smaller magnitude.

Practice Problem GTTEMPT (a) Calculate the energy in joules of a 5.25-g object
moving at a speed of 655 m/s, and (b) determine how much greater the electrostatic energy is

0 3d
between charges of +2 and —2 than it is between charges of +1 and —1 (assume that the
0 ()

distance between the charges is the same in each case).

2.d
Practice Problem E)UILD (a) Calculate the velocity (in m/s) of a 0.340-g object that has )
E, = 23.5 ], and (b) determine which of the following pairs of charged particles has the greater
electrostatic energy between them: charges of +1 and —2 separated by a distance of d or charges (iid) B
of +2 and —2 separated by a distance of 2d.

N

Practice Problem GONCEPT UALIZE For charges of +2 and —2, separated by a ) 0 @

distance of d, the electrostatic potential energy is E. In terms of E, determine the electrostatic
potential energy between each of the pairs of charges shown.
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Another unit used to express energy is the calorie (cal). Although the calorie is not an SI

unit, its use is still quite common. The calorie is defined in terms of the joule: Student Note: The triple equal sign is
used to denote a definition. Recall
1 cal =4.184 ] that numbers with defined values are
exact numbers [l«¢ Section 1.5], which
Because this is a definition, the number 4.184 is an exact number, which does not limit do not limit the number of significant
the number of significant figures in a calculation [l¢ Section 1.5]. You may be familiar with e

the term calorie from nutrition labels. In fact, the “calories” listed on food packaging are really
kilocalories. Often the distinction is made by capitalizing the “C” in “calorie” when it refers to
the energy content of food:

1 Cal = 1000 cal
and

1 Cal = 4184 ]

CHECKPOINT — SECTION 51 Energy and Energy Changes

511 Calculate the kinetic energy of a 5.0-kg mass moving at 51.5 Arrange the following pairs of charged particles in order
26 m/s. of increasing electrostatic potential energy.
a) 1.7x10°J d) 657 0 d 2d 3d
b) 3.4 x10°J e) 13x10°J
v & @
c) 1307
51.2 How much greater is the electrostatic potential energy () e e
between particles with charges 4+3 and —3 than between
particles with charges +1 and —1? (Assume the same (iii) e =3
distance between particles.)
a) 3 times d) 4 times (iv) Q @

b) 9 times e) 30 times
. a) 1 <ii <iil <iv d) ii <i=iii <iv
c) 6 times
b) iv <iii <ii <i e) iv<i=ii<iii

51.3 Calculate the number of calories in 723.01 J. ©) i=iii <ii <iv

a) 172.80 cal d) 3025 cal

51.6 Which of the following changes would double the
b) 172.8 cal ©) 0.173 cal magnitude of the electrostatic attraction between two
c) 3025.1 cal oppositely charged particles? (Select all that apply.)

5.1.4 The label on packaged food indicates that it contains a) Doubling both charges

215 Cal per serving. Convert this amount of energy to b) Doubling one of the charges

joules. ¢) Doubling the distance between the charges

a) 51417 d) 9.00 x 10°J d) Reducing the distance between the charges by half
b) 5.14 x 10°J e) 9.00 x 10°J e) Doubling both charges and doubling the distance
¢) 5.14x 10727 between the charges

m Introduction to Thermodynamics

Thermochemistry is part of a broader subject called thermodynamics, which is the scientific
study of the interconversion of heat and other kinds of energy. The laws of thermodynamics
provide useful guidelines for understanding the energetics and directions of processes. In this
section, we introduce the first law of thermodynamics, which is particularly relevant to the study
of thermochemistry. We continue our discussion of thermodynamics in Chapter 18.

We have defined a system as the part of the universe we are studying. There are three
types of systems. An open system can exchange mass and energy with its surroundings. For
example, an open system may consist of a quantity of water in an open container, as shown in
Figure 5.3(a). If we close the flask, as in Figure 5.3(b), so that no water vapor can escape from
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Figure 5.3 (a) An open system
allows exchange of both energy and
matter with the surroundings. (b) A
closed system allows exchange of
energy but not matter. (c) An isolated
system does not allow exchange of
energy or matter. (This flask is
enclosed by an insulating vacuum
jacket.)

Student Note: The energy exchanged
between open systems or closed
systems and their surroundings is
usually in the form of heat.

@ Student Hot Spot
Student data indicate you may struggle
with state functions. Access the eBook to

view additional Learning Resources on this
topic.

Figure 5.4 The change in elevation
that occurs when a person goes from
the ground floor to the fourth floor in a
building does not depend on the path
taken.

‘Water vapor

Heat

(b) ©

or condense into the container, we create a closed system, which allows the transfer of energy but
not mass. By placing the water in an insulated container, as shown in Figure 5.3(c), we can con-
struct an isolated system, which does not exchange either mass or energy with its surroundings.

States and State Functions

In thermodynamics, we study changes in the state of a system, which is defined by the values
of all relevant macroscopic properties, such as composition, energy, temperature, pressure, and
volume. Energy, pressure, volume, and temperature are said to be state functions—properties that
are determined by the state of the system, regardless of how that condition was achieved. In other
words, when the state of a system changes, the magnitude of change in any state function depends
only on the initial and final states of the system and not on how the change is accomplished.

Consider, for example, your position in a six-story building. Your elevation depends upon
which floor you are on. If you change your elevation by taking the stairs from the ground floor
up to the fourth floor, the change in your elevation depends only upon your initial state (the
ground floor—the floor you started on) and your final state (the fourth floor—the floor you went
to). It does not depend on whether you went directly to the fourth floor or up to the sixth and
then down to the fourth floor. Your overall change in elevation is the same either way because
it depends only on your initial and final elevations. Thus, elevation is a state function.

The amount of effort it takes to get from the ground floor to the fourth floor, on the other
hand, depends on how you get there. More effort has to be exerted to go from the ground floor to
the sixth floor and back down to the fourth floor than to go from the ground floor to the fourth
floor directly. The effort required for this change in elevation is not a state function. Furthermore,
if you subsequently return to the ground floor, your overall change in elevation will be zero, because
your initial and final states are the same, but the amount of effort you exerted going from the ground
floor to the fourth floor and back to the ground floor is not zero. Even though your initial and final
states are the same, you do not get back the effort that went into climbing up and down the stairs.

Energy is a state function, too. Using potential energy as an example, your net increase
in gravitational potential energy is always the same, regardless of how you get from the ground
floor to the fourth floor of a building (Figure 5.4).

Fourth floor
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The First Law of Thermodynamics

The first law of thermodynamics, which is based on the law of conservation of energy, states
that energy can be converted from one form to another but cannot be created or destroyed. It
would be impossible to demonstrate this by measuring the total amount of energy in the universe;
in fact, just determining the total energy content of a small sample of matter would be extremely
difficult. Fortunately, because energy is a state function, we can demonstrate the first law by
measuring the change in the energy of a system between its initial state and its final state in a
process. The change in internal energy, AU, is given by

AU = Uf— Ui

where U; and Uy are the internal energies of the system in the initial and final states, respectively;
and the symbol A means final minus initial.

The internal energy of a system has two components: kinetic energy and potential energy.
The kinetic energy component consists of various types of molecular motion and the movement
of electrons within molecules. Potential energy is determined by the attractive interactions
between electrons and nuclei and by repulsive interactions between electrons and between nuclei
in individual molecules, as well as by interactions between molecules. It is impossible to measure
all these contributions accurately, so we cannot calculate the total energy of a system with any
certainty. Changes in energy, on the other hand, can be determined experimentally.

Consider the reaction between 1 mole of sulfur and 1 mole of oxygen gas to produce
1 mole of sulfur dioxide:

S(s) + Ox(g) — SOx(g)

In this case, our system is composed of the reactant molecules and the product molecules. We
do not know the internal energy content of either the reactants or the product, but we can accu-
rately measure the change in energy content, AU, given by

AU = U(products) — U(reactants)
= energy content of 1 mol SO,(g) — energy content of 1 mol S(s) and 1 mol O,(g)

This reaction gives off heat. Therefore, the energy of the product is less than that of the reactants,
and AU is negative.

The release of heat that accompanies this reaction indicates that some of the chemical
energy contained in the system has been converted to thermal energy. Furthermore, the thermal
energy released by the system is absorbed by the surroundings. The transfer of energy from the
system to the surroundings does not change the total energy of the universe. That is, the sum
of the energy changes is zero:

Aljsys + Al]surr =0

where the subscripts “sys” and “surr” denote system and surroundings, respectively. Thus, if a
system undergoes an energy change AU, the rest of the universe, or the surroundings, must
undergo a change in energy that is equal in magnitude but opposite in sign:

A Usys =-A Usurr

Energy released in one place must be gained somewhere else. Furthermore, because energy can
be changed from one form to another, the energy lost by one system can be gained by another
system in a different form. For example, the energy released by burning coal in a power plant
may ultimately turn up in our homes as electric energy, heat, light, and so on.

Work and Heat

Recall from Section 5.1 that energy is defined as the capacity to do work or transfer heat. When
a system releases or absorbs heat, its internal energy changes. Likewise, when a system does
work on its surroundings, or when the surroundings do work on the system, the system’s internal
energy also changes. The overall change in the system’s internal energy is given by

AU=qg+w Equation 5.3
where ¢ is heat (released or absorbed by the system) and w is work (done on the system or done

by the system). Note that it is possible for the heat and work components to cancel each other
out and for there to be no change in the system’s internal energy. Interestingly, although neither

Student Note: Elemental sulfur exists
as Sg molecules, but we typically
represent it as S to simplify chemical
equations.

Student Note: The units for heat
and work are the same as those for
energy: joules, kilojoules, or calories.
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Figure 5.5 (a) When heat is released
by the system (to the surroundings),

q is negative. When work is done by
the system (on the surroundings), w is
negative. (b) When heat is absorbed
by the system (from the surroundings),
q is positive. When work is done on
the system (by the surroundings), w is
positive.

SAMPLE PROBLEM

TABLE 5.1 Sign Conventions for Heat (q) and Work (w)

Process Sign
Heat absorbed by the system (endothermic process) q is positive
Heat released by the system (exothermic process) q is negative
Work done on the system by the surroundings (e.g., a volume decrease) w is positive
Work done by the system on the surroundings (e.g., a volume increase) w is negative

Work
—

qg<0 w<0
(@) (b)

g nor w is a state function (each depends on the path between the initial and final states of the
system), their sum, AU, does not depend on the path between initial and final states because U
is a state function.

In chemistry, we are normally interested in the energy changes associated with the system
rather than the surroundings. Therefore, unless otherwise indicated, AU will refer specifically
to AUy, The sign conventions for g and w are as follows: g is positive for an endothermic
process and negative for an exothermic process, and w is positive for work done on the system
by the surroundings and negative for work done by the system on the surroundings. Table 5.1
summarizes the sign conventions for g and w.

The drawings in Figure 5.5 illustrate the logic behind the sign conventions for g and w.
If a system releases heat to the surroundings or does work on the surroundings [Figure 5.5(a)],
we would expect its internal energy to decrease because they are energy-depleting processes.
For this reason, both g and w are negative. Conversely, if heat is added to the system or if work
is done on the system [Figure 5.5(b)], then the internal energy of the system increases. In this
case, both g and w are positive.

Sample Problem 5.2 shows how to determine the overall change in the internal energy of
a system.

Calculate the overall change in internal energy, AU, (in joules) for a system that absorbs 188 J of heat and does 141 J of work on its

surroundings.

Strategy Combine the two contributions to internal energy using Equation 5.3 and the sign conventions for g and w.

Setup The system absorbs heat, so g is positive. The system does work on the surroundings, so w is negative.

Solution

THINK ABOUT IT

AU=qg+w=188J+ (-141)) =471

Consult Table 5.1 to make sure that you have used the proper sign conventions for g and w.
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Practice Problem GTTEMPT Calculate the change in total internal energy for a system that releases 1.34 x 10* kJ of heat and does
2.98 x 10* kJ of work on the surroundings.

Practice Problem eUILD Calculate the magnitude of ¢ for a system that does 7.05 x 10° kJ of work on its surroundings and for which
the change in total internal energy is —9.55 x 10° kJ. Indicate whether heat is absorbed or released by the system.

Practice Problem GO NCEPTUALIZE

The diagram on the far left in the row shows

a system before a process. Which of the

diagrams on its right could represent the 0
system after it undergoes a process in which

the system absorbs heat and AU is positive?

CHECKPOINT — SECTION 5.2

® (ii)

Introduction to Thermodynamics

5.21

5.2.2

Calculate the overall change in internal energy for a
system that releases 43 J in heat in a process in which
no work is done.

a) 43

b) —23x 10727

c) 0J

d) 23 x107%J

e) —431]

Calculate w, and determine whether work is done by

the system or on the system when 928 kJ of heat is
released and AU = —1.47 x 10’ kJ.

a) w = —1.36 x 10° kJ, done by the system
b) w = 1.36 x 10° kI, done on the system
¢) w=—54 x 10% kJ, done by the system
d) w =24 x 10’ kI, done on the system
e) w=—2.4 x 10° kJ, done by the system

5.2.3 Which of the following is a closed system? (Select all that
apply.)

5.24

a)
b)
)
d)
e

Pot of boiling water on a stove

Pot of cold water on a countertop
Helium-filled Mylar balloon

Styrofoam cup full of hot coffee (without lid)

Glass of iced tea

Which of the following could be described as a state
function? (Select all that apply.)

a)
b)
)
d)
€)

Dieter’s weight

Calories burned by a person walking to the health club
Distance traveled by a person walking to the health club
Distance between two points on a map

Energy required to heat a given amount of water from
25°C to the boiling point

m Enthalpy

To calculate AU, we must know the values and signs of both ¢ and w. As we will see in Sec-
tion 5.4, we determine g by measuring temperature changes. To determine w, we need to know
whether the reaction occurs under constant-volume or constant-pressure conditions.

Reactions Carried Out at Constant Volume
or at Constant Pressure

Imagine carrying out the decomposition of sodium azide (NaNj3) in two different experiments. In

the first experiment, the reactant is placed in a metal cylinder with a fixed volume. When detonated,
the NaNj reacts, generating a large quantity of N, gas inside the closed, fixed-volume container.

2NaNj3(s) —— 2Na(s) + 3N,(g)

Student Note: The explosive
decomposition of NaN; is the
reaction that inflates air bags in cars.
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Student Note: Pressure-volume work
and electrical work are two important
types of work done by chemical
reactions. Electrical work is discussed
in detail in Chapter 19.

Figure 5.6 (a) The explosive
decomposition of NaN; at constant
volume results in an increase in
pressure inside the vessel. (b) The
decomposition at constant pressure, in
a vessel with a movable piston, results
in an increase in volume. The resulting
change in volume, AV, can be used to

calculate the work done by the system.

The effect of this reaction will be an increase in the pressure inside the container, similar to
what happens if you shake a bottle of soda vigorously prior to opening it. (The concept of pres-
sure is examined in detail in Chapter 10. However, if you have ever put air in the tire of an
automobile or a bicycle, you are familiar with the concept.)

Now imagine carrying out the same reaction in a metal cylinder with a movable piston.
As this explosive decomposition proceeds, the piston in the metal cylinder will move. The gas
produced in the reaction pushes the cylinder upward, thereby increasing the volume of the con-
tainer and preventing any increase in pressure. This is a simple example of mechanical work done
by a chemical reaction. Specifically, this type of work is known as pressure-volume, or PV, work.
The amount of work done by such a process is given by

Equation 5.4 w = —PAV

where P is the external, opposing pressure and AV is the change in the volume of the container as
the result of the piston being pushed upward. In keeping with the sign conventions in Table 5.1, an
increase in volume results in a negative value for w, whereas a decrease in volume results in a
positive value for w. Figure 5.6 illustrates this reaction (a) being carried out at a constant volume,
and (b) at a constant pressure.

When a chemical reaction is carried out at constant volume, then no PV work can be done
because AV = 0 in Equation 5.4. From Equation 5.3 it follows that

Equation 5.5 AU = g — PAV
and, because PAV = 0 at constant volume,
Equation 5.6 qy = AU

We add the subscript “V” to indicate that this is a constant-volume process. This equality may
seem strange at first. We said earlier that ¢ is not a state function. However, for a process carried
out under constant-volume conditions, g can have only one specific value, which is equal to AU.
In other words, while g is not a state function, gy is one.

Constant-volume conditions are often inconvenient and sometimes impossible to achieve.
Most reactions occur in open containers, under conditions of constant pressure (usually at

NaNj Increased
pressure
(2)

AV

Increased
volume

(®)



whatever the atmospheric pressure happens to be where the experiments are conducted). In
general, for a constant-pressure process, we write

AU=qg+w
=gqp — PAV
or

qgp = AU + PAV Equation 5.7

where the subscript “P” denotes constant pressure.

Enthalpy and Enthalpy Changes

There is a thermodynamic function of a system called enthalpy (H), which is defined as

H=UH+ PV Equation 5.8
where U is the internal energy of the system and P and V are the pressure and volume of the
system, respectively. Because U and PV have energy units, enthalpy also has energy units. Fur-
thermore, U, P, and V are all state functions—that is, the changes in (U + PV) depend only on
the initial and final states. It follows, therefore, that the change in H, or AH, also depends only
on the initial and final states. Thus, H is a state function.

For any process, the change in enthalpy is given by

AH = AU + A(PV) Equation 5.9

If the pressure is held constant, then

AH = AU + PAV Equation 5.10

If we solve Equation 5.10 for AU,
AU = AH — PAV
Then, substituting the result for AU into Equation 5.7, we obtain
gp = (AH — PAV) + PAV

The PAV terms cancel, and for a constant-pressure process, the heat exchanged between the
system and the surroundings is equal to the enthalpy change:

qp = AH Equation 5.11
Again, g is not a state function, but gp is; that is, the heat change at constant pressure can have
only one specific value and is equal to AH.

We now have two quantities—AU and AH—that can be associated with a reaction. If the
reaction occurs under constant-volume conditions, then the heat change, ¢, is equal to AU. If
the reaction is carried out at constant pressure, on the other hand, the heat change, gp is equal
to AH.

Because most laboratory reactions are constant-pressure processes, the heat exchanged
between the system and surroundings is equal to the change in enthalpy for the process. For any
reaction, we define the change in enthalpy, called the enthalpy of reaction (AH.,,), as the dif-
ference between the enthalpies of the products and the enthalpies of the reactants:

AH = H(products) — H(reactants) Equation 5.12
The enthalpy of reaction can be positive or negative, depending on the process. For an endo-
thermic process (where heat is absorbed by the system from the surroundings), AH is positive
(i.e., AH > 0). For an exothermic process (where heat is released by the system to the surround-
ings), AH is negative (i.e., AH < 0).

We now apply the idea of enthalpy changes to two common processes, the first involving
a physical change and the second involving a chemical change.

SECTION 5.3 Enthalpy

Student Note: The Sl unit of pressure
is the pascal (Pa), which in Sl base
units is 1 kg/(m - s?). Volume in SI
base units is cubic meters (m3).
Therefore, multiplying units of
pressure by units of volume gives
(1kg/m - s) x m® = 1kg - m?/s?, which
is the definition of the joule (J). Thus,
PAV has units of energy.

Student Note: The enthalpy of
reaction is often symbolized by AH,,.
The subscript can be changed to
denote a specific type of reaction or
physical process: AH,,, can be used
for the enthalpy of vaporization, for
example.

197
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Student Note: Although, strictly
speaking, it is unnecessary to include
the sign of a positive number, we

will include the sign of all positive
AH values to emphasize the
thermochemical sign convention.

Student Note: Remember that the
“per mole” in this context refers to
per mole of reaction—not, in this
case, per mole of water.

Figure 5.7 (a) Melting 1 mole of ice
at 0°C, an endothermic process,
results in an enthalpy increase of
6.01kJ (AH = +6.01 kJ/mol). (b) The
burning of 1 mole of methane in oxygen
gas, an exothermic process, results in
an enthalpy decrease in the system
of 890.4 kJ (AH = —890.4 kJ/mol).
The enthalpy diagrams of these two
processes are not shown to the same
scale.

Thermochemical Equations

Under ordinary atmospheric conditions at sea level, ice melts to form liquid water when exposed
to temperatures above 0°C. Measurements show that for every mole of ice converted to liquid
water under these conditions, 6.01 kJ of heat energy is absorbed by the system (the ice). Because
the pressure is constant, the heat change is equal to the enthalpy change, AH. This is an endother-
mic process (AH > 0), because heat is absorbed by the ice from its surroundings [Figure 5.7(a)].
The equation for this physical change is

H,0(s) — H,0() AH = +6.01 kJ/mol

The “per mole” in the unit for AH means that this is the enthalpy change per mole of the reaction
(or process) as it is written—that is, when 1 mole of ice is converted to 1 mole of liquid water.
Now consider the combustion of methane (CH,), the principal component of natural gas:

CH,(g) + 20,(g) — CO4(g) + 2H,0()  AH = —890.4 kJ/mol

From experience we know that burning natural gas releases heat to the surroundings, so it is an
exothermic process. Under constant-pressure conditions, this heat change is equal to the enthalpy
change and AH must have a negative sign [Figure 5.7(b)]. Again, the “per mole” in the units for
AH means that when 1 mole of CHy reacts with 2 moles of O, to yield 1 mole of CO, and
2 moles of liquid H,O, 890.4 kJ of heat is released to the surroundings. Note that when you
specify that a particular amount of heat is released, it is not necessary to include a negative sign.

It is important to keep in mind that the AH value in kJ/mol does not mean per mole of a
particular reactant or product. It refers to all the species in a reaction in the molar amounts
specified by the coefficients in the balanced equation. Thus, for the combustion of methane, the
AH value of —890.4 kJ/mol can be expressed in any of the following ways:

—890.4 kJ —890.4 kJ —890.4 kJ —890.4 kJ
1 mol CH, 2 mol O, 1 mol CO, 2 mol H,O

Although the importance of expressing AH in units of kJ/mol (rather than just kilojoules) will
become apparent when we study thermodynamics in greater detail [» Chapter 18], you should
learn and become comfortable with this convention now.

The equations for the melting of ice and the combustion of methane are examples of
thermochemical equations, which are chemical equations that show the enthalpy changes as
well as the mass relationships. It is essential to specify a balanced chemical equation when
quoting the enthalpy change of a reaction. The following guidelines are helpful in interpreting,
writing, and manipulating thermochemical equations:

1. When writing thermochemical equations, we must always specify the physical states of
all reactants and products, because they help determine the actual enthalpy changes. In
the equation for the combustion of methane, for example, changing the liquid water prod-
uct to water vapor changes the value of AH:

CH,(g) + 20,(g) —— COu(g) + 2H,0(g)  AH = —802.4 kJ/mol

The enthalpy change is —802.4 kJ rather than —890.4 kJ because 88.0 kJ is needed to
convert 2 moles of liquid water to 2 moles of water vapor; that is,

2H,0() — 2H,0(g)  AH = +88.0 kJ/mol

CHy(g) + 20,(g)

Heat given off
by the system to
the surroundings

SN
AH =-890.4 kJ/mol

H,0())

Enthalpy

Heat absorbed by
the system from
the surroundings

Enthalpy

AH =46.01 kJ/mol

A

CO,(g) + 2H,0())

H,0(s)

(a) (b)
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2. If we multiply both sides of a thermochemical equation by a factor n, then AH must also
change by the same factor. Thus, for the melting of ice, if n = 2, we have

2H,0(s) — 2H,0()  AH = 2(6.01 kJ/mol) = +12.02 kJ/mol

3. When we reverse a chemical equation, we change the roles of reactants and products.
Consequently, the magnitude of AH for the equation remains the same, but its sign changes.
For example, if a reaction consumes thermal energy from its surroundings (i.e., if it is
endothermic), then the reverse reaction must release thermal energy back to its surround-
ings (i.e., it must be exothermic) and the enthalpy change expression must also change its
sign. Thus, reversing the melting of ice and the combustion of methane, the thermo-
chemical equations become

H,0(/) —— H,0(s) AH = —6.01 kJ/mol
COx(g) + 2H,0(l) ——> CHy(g) + 20x(g)  AH = +890.4 kJ/mol

What was an endothermic process becomes an exothermic process when reversed, and
vice versa.

Sample Problem 5.3 illustrates the use of a thermochemical equation to relate the mass
of a product to the energy consumed in the reaction.

SAMPLE PROBLEM

Given the thermochemical equation for photosynthesis,
6H,0(l) + 6CO,(g) —> CsH,04(s) + 60,(g) AH = 42803 kJ/mol
calculate the solar energy required to produce 75.0 g of C4H;,Og.

Strategy The thermochemical equation shows that for every mole of C¢H;,O¢ produced, 2803 kJ is absorbed. We need to find out how much
energy is absorbed for the production of 75.0 g of C¢H;,04. We must first find out how many moles there are in 75.0 g of C¢H;,Og.

Setup The molar mass of C¢H;,Og4 is 180.2 g/mol, so 75.0 g of C¢H,0¢ is

v 1802g oMo

We will multiply the thermochemical equation, including the enthalpy change, by 0.416, in order to write the equation in terms of the
appropriate amount of C¢H;,Og.

Solution
(0.416 mol)[6H,O(l) + 6CO,(g) — CcH,04(s) + 60,(g)]

and (0.416 mol)(AH) = (0.416 mol)(2803 kJ/mol) gives
2.50 HyO() + 2.50 CO,(g) — 0.416 C4H,04(s) + 2.50 Os(g) AH = +1.17 x 10° kJ

Therefore, 1.17 X 10* kJ of energy in the form of sunlight is consumed in the production of 75.0 g of C¢H;,0,. Note that the “per mole” units
in AH are canceled when we multiply the thermochemical equation by the number of moles of C4H;,Os.

THINK ABOUT IT )

The specified amount of CgH,Og is less than half a mole. Therefore, we should

expect the associated enthalpy change to be less than half that specified in o ° @ gl = Ty ldiirel

the thermochemical equation for the production of 1 mole of CgH,Og. 0

0 o
) before after

Practice Problem GTTEM PT Calculate the solar energy required to
produce 5255 g of C¢H,Og. &) 0 O
Practice Problem GUILD Calculate the mass (in grams) of O, that is 9 9 @ o d
produced by photosynthesis when 2.49 x 10* kI of solar energy is consumed. o ° < AH=7?
Practice Problem eONCEPTUALIZE The diagrams represent systems (] @ o
before and after reaction for two related chemical processes. AH for the first 9 9 )

reaction is 1755.0 kJ/mol. Determine the value of AH for the second reaction. before after
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Enthalpy

5.31 Given the thermochemical equation: Hy(g) + Bry(l) —— 5.3.2 Given the thermochemical equation: 2Cu,O(s) ——

2HBr(g), AH = —72.4 kJ/mol, calculate the amount of
heat released when a kilogram of Bry(/) is consumed in

this reaction.

a) 7.24 x 10*°kJ
b) 453 kJ

c) 906 kJ

4Cu(s) + Oy(g), AH = +333.8 kJ/mol, calculate the mass
of copper produced when 1.47 x 10* kJ is consumed in
this reaction.

d) 227 kJ a) 11.2 kg d) 334 kg
e) 724 kJ b) 176 kg e) 782 kg
c) 44.0 kg

Student Note: Although heat capacity
is typically given for an object rather
than for a substance—the “object”
may be a given quantity of a
particular substance.

® Student Hot Spot
Student data indicate you may struggle

with specific heat and heat capacity. Access
the eBook to view additional Learning
Resources on this topic.

Student Note: Note that C = sm.
Although specific heat is a property
of substances, and heat capacity is a
property of objects, we can define a
specified quantity of a substance as an
“object” and determine its heat capacity
using its mass and its specific heat.

m Calorimetry

In the study of thermochemistry, heat changes that accompany physical and chemical processes
are measured with a calorimeter, a closed container designed specifically for this purpose. We
begin our discussion of calorimetry, the measurement of heat changes, by defining two impor-
tant terms: specific heat and heat capacity.

Specific Heat and Heat Capacity

The specific heat (s) of a substance is the amount of heat required to raise the temperature of
1 g of the substance by 1°C. The heat capacity (C) is the amount of heat required to raise the
temperature of an object by 1°C. We can use the specific heat of a substance to determine the
heat capacity of a specified quantity of that substance. For example, we can use the specific
heat of water, 4.184 J/(g - °C), to determine the heat capacity of a kilogram of water:

. 4.1841]
heat capacity of 1 kg of water = X 1000 g = 4184 1g7°C

or 4.184 x 10°J/°C
Note that specific heat has the units J/(g - °C) and heat capacity has the units J/°C. Table 5.2
shows the specific heat values of some common substances. If we know the specific heat and
the amount of a substance, then the change in the sample’s temperature (A7) will tell us the
amount of heat (g) that has been absorbed or released in a particular process. One equation for
calculating the heat associated with a temperature change is given by

Equation 5.13 q = smAT
where s is the specific heat, m is the mass of the substance undergoing the temperature change,
and AT is the temperature change: AT = Ty — Tiniia- Another equation for calculating the heat
associated with a temperature change is given by

Equation 5.14 q = CAT
where C is the heat capacity and AT is the temperature change. The sign convention for g is

the same as that for an enthalpy change: ¢ is positive for endothermic processes and negative
for exothermic processes.

TABLE 5.2 | Specific Heat Values of Some Common Substances

Substance Specific Heat (J/g - °C) Substance Specific Heat (J/g - °C)
Al(s) 0.900 Fe(s) 0.444
Au(s) 0.129 Hg() 0.139
Y < C(graphite) 0.720 H,0()) 4184
Animation C(diamond) 0.502 Ni(s) 0.440
Figure 5.9, Determination of AHY,, by Cu(s) 0.385 C,H;OH() (ethanol) 246

Constant-Pressure Calorimetry.
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Sample Problem 5.4 shows how to use the specific heat of a substance to calculate the
amount of heat needed to raise the temperature of the substance by a particular amount.

SAMPLE PROBLEM

Calculate the amount of heat (in kJ) required to heat 255 g of water from 25.2°C to 90.5°C.
Strategy Use Equation 5.13 (¢ = smAT) to calculate g.
Setup m =255 g, s = 4.184 J/g - °C, and AT = 90.5°C — 25.2°C = 65.3°C

Solution
_ 41847
q= g °C

X 255 g X 65.3°C = 6.97 x 10*] or 69.7kJ

THINK ABOUT IT

Look carefully at the cancellation of units and make sure that the number of kilojoules is smaller than the number of joules. It is a
common error to multiply by 1000 instead of dividing in conversions of this kind.

Practice Problem GTTEMPT Calculate the amount of heat (in kJ) required to heat 1.01 kg of water from 0.05°C to 35.81°C.

Practice Problem GUILD What will be the final temperature of a 514-g sample of water, initially at 10.0°C, after 90.8 kJ have been
added to it?

Practice Problem GONCEPT UALIZE Shown here are two samples of the same
substance. When equal amounts of heat are added to both samples, the temperature of the sample m m
on the left increases by 15.3°C. Determine the increase in temperature of the sample on the right. <9

Constant-Pressure Calorimetry

A crude constant-pressure calorimeter can be constructed from two Styrofoam coffee cups, as
shown in Figure 5.8. This device, called a coffee-cup calorimeter, can be used to measure the
heat exchanged between the system and surroundings for a variety of reactions, such as acid-base
neutralization, heat of solution, and heat of dilution. Because the pressure is constant, the heat
change for the process (g) is equal to the enthalpy change (AH). In such experiments, we con-
sider the reactants and products to be the system, and the water in the calorimeter to be the
surroundings. We neglect the small heat capacity of the Styrofoam cups in our calculations. In
the case of an exothermic reaction, the heat released by the system is absorbed by the water
(surroundings), thereby increasing its temperature. Knowing the mass of the water in the calo-
rimeter, the specific heat of water, and the change in temperature, we can calculate gp of the
system using the equation

Thermometer —]

qsys = —smAT Equation 5.15

Note that the minus sign makes g, a negative number if AT is a positive number (i.e., if the
temperature goes up). This is in keeping with the sign conventions listed in Table 5.1. A nega-
tive AH or a negative g indicates an exothermic process, whereas a positive AH or a positive
g indicates an endothermic process. Table 5.3 lists some of the reactions that can be studied
with a constant-pressure calorimeter. Figure 5.9 shows how constant-pressure calorimetry can
be used to determine AH for a reaction. S‘ycrl‘;f)‘;m
Constant-pressure calorimetry can also be used to determine the heat capacity of an object y
or the specific heat of a substance. Suppose, for example, that we have a lead pellet with a
mass of 26.47 g originally at 89.98°C. We drop the pellet into a constant-pressure calorimeter

H| —— Stirrer
0

Figure 5.8 A constant-pressure coffee-cup calorimeter made of two Styrofoam cups. The nested cups Reaction

help to insulate the reaction mixture from the surroundings. Two solutions of known volume containing mixture

the reactants at the same temperature are carefully mixed in the calorimeter. The heat produced or

absorbed by the reaction can be determined by measuring the temperature change.



Determination of AH.,,
by Constant-Pressure Calorimetry

26

LLLLELLL lIIllIIIl

One at a time, we pour the solutions
into the calorimeter.

We start with 50.0 mL each of 1.00 M HCI and

1.00 M NaOH. Both solutions are at room temperature,
which in this example is 25.0°C. The net ionic equation
that represents the reaction is

H%(ag) + OH (ag) — H,0()
We have 0.0500 L x 1.00 M = 0.0500 mol of each reactant.

202



As the reaction proceeds, the temperature of
the water increases as it absorbs the energy
given off by the reaction. We record the
maximum water temperature as 31.7°C.

When both solutions have been added, we cap the
calorimeter to prevent loss of energy to the environment and
use the stirrer to ensure that the solutions are mixed thoroughly.

32
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j_

Assuming the density and specific heat of the solution to be the same
as those of water (1 g/mL, 4.184 J/g - °C), we calculate g, as follows:

gsoln = specific heat of water X mass of water X temperature change

4.184
= LOJ % 100.0 g X (31.7 = 25.0)°C = 2803 J
lg-°C
Assuming that the heat capacity of the calorimeter is negligible,
we know that gqo1n = —¢rxn, and we can write

Grxn = —2803 J

This is the heat of reaction when 0.0500 mol H* reacts with
0.0500 mol OH". To determine AH 4, we divide g;x, by the
number of moles. (These reactants are present in stoichiometric
amounts. If there were a limiting reactant, we would divide by
the number of moles of limiting reactant.)

—2803J .
m =-5.61 x 107 J/mol or —56.1 kJ/mol

This result is very close to the number we get using
Equation 5.12 and the data in Appendix 2.

AHx, =

(See Visualizing Chemistry questions
VC 5.1-VC 5.4 on page 222))

What'’s the point?

Constant-pressure calorimetry can be used to determine AH,x,—the
heat of reaction for the reactant quantities specified by the balanced
equation. However, when we carry out calorimetry experiments in
the laboratory, we typically use much smaller quantities of reactants
than those represented in a chemical equation. By measuring the
temperature change of the surroundings (a known quantity of water
in which the reactants are dissolved), we can determine g, for the
reactant quantities in the experiment. We can then divide g, by the
number of moles of reactant to determine AH, .

203
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Heats of Some Typical Reactions and Physical Processes Measured

TABLE 5.3 at Constant Pressure

Type of Reaction Example AH (kJ/mol)
Heat of neutralization HCl(aq) + NaOH(aq) —— H,0(!) + NaCl(agq) —-56.2
Heat of ionization H,0()) —— H*(ag) + OH (aq) +56.2
Heat of fusion H,O(s) —— H,0O(]) +6.01
Heat of vaporization H,O(l) —— H,0(g) +40.0*

*Measured at 25°C. At 100°C, the value is +40.79 kJ.

Student Note: The temperature of the
water stops changing when it and

containing 100.0 g of water at 22.50°C. The temperature of the water increases to 23.17°C. In
the temperature of the lead pellet are

e, T A (] A this case, we consider the pellet to be the system and the water to be the surroundings. Because
of the pellet is also 23.17°C. it is the temperature of the surroundings that we measure and because gy = —qqm We can
rewrite Equation 5.15 as
LIsurr = SmAT
Thus, Gyaer Of the water is
4.184] R o
uaer = "~ 5 X 100.0 g x (23.17°C — 22.50°C) =2801J
g

and gpee 18 —280 J. The negative sign indicates that heat is released by the pellet. Dividing
Gpeniee by the temperature change (AT) gives us the heat capacity of the pellet (Cyeyie)-

o= —2801J
pellet ™ 23.17°C — 89.95°C

=4.19J/°C

Furthermore, because we know the mass of the pellet, we can determine the specific heat of
lead (sicaa):

Cpetler 4.191/°C
Sep = 2 = =0.158J/g-°C or 0.16J/g-°C

” Mpellet 26.47 g

Sample Problem 5.5 shows how to use constant-pressure calorimetry to calculate the heat

Animation
Figure 5.0, Determination of Specific capacity (C) of an object. Figure 5.10 illustrates the process of determining the specific heat of
Heat by Constant-Pressure Calorimetry. a metal using constant-pressure calorimetry.

SAMPLE PROBLEM

A metal pellet with a mass of 100.0 g, originally at 88.4°C, is dropped into 125 g of water originally at 25.1°C. The final temperature of both
the pellet and the water is 31.3°C. Calculate the heat capacity C (in J/°C) of the pellet.

Strategy Use Equation 5.13 (¢ = smAT) to determine the heat absorbed by the water; then use Equation 5.14 (¢ = CAT) to determine the
heat capacity of the metal pellet.

Setup myge = 125 g, Syaer = 4.184 J/g - °C, and AT, = 31.3°C — 25.1°C = 6.2°C. The heat absorbed by the water must be released by
the pellet: Gyaer = —Gpettets Mpenier = 100.0 g, and AT} = 31.3°C — 88.4°C = —57.1°C.

Solution From Equation 5.13, we have

4.1841]
Gwater = g °C x 125 gX 6.2°C =3242.61

Thus,
Gpetier = —3242.6 ]
From Equation 5.14, we have
—3242.6 J = Cpejier X (=57.1°C)
Thus,
Cpelee = 57 1/°C
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THINK ABOUT IT

The units cancel properly to give appropriate units for heat capacity. Moreover, AT is @

negative number because the temperature of the pellet decreases. Sample 2

] ] 0 e s e ey

Practice Problem GTTEM PT What would the final temperature ) (iii)
be if the pellet from Sample Problem 5.5, initially at 95°C, were dropped
into a 218-g sample of water, initially at 23.8°C? ——(ii)

Practice Problem GU ILD What mass of water could be warmed from

23.8°C to 46.3°C by the pellet in Sample Problem 5.5 initially at 116°C?

Practice Problem (QONCEPTUALIZE Two samples of the

same substance are shown. The temperatures of the two samples are Sample | ——>
indicated on the thermometer. Which of the final temperatures shown J

(1, ii, or iii) best represents the final temperature when the two samples
are combined?

~
—
=

1 A A

\&—

(

Sample 1 Sample 2

Bringing Chemistry to Life '°~'.

Heat Capacity and Hypothermia
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