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Preface

As instructors of Introductory Chemistry, our lectures
are significantly different from traditional lecture presen-
tations in many ways. Beginning with the first week of
classes and continuing through the rest of the semester,
we follow a sequence of topics that allows us to explain
macroscopic phenomena from a molecular perspective.
This approach places emphasis on conceptual understand-
ing over algorithmic problem solving. To help students
develop conceptual understanding, we use numerous still
images, animations, video clips, and live demonstrations.
Roughly a third of each class period is devoted to explain-
ing chemical phenomena from a conceptual perspective.
During the remaining time, students work in groups to
discuss and answer conceptual and numerical questions.

Our desire to create a conceptually based text stems
from our own classroom experience, as well as from edu-
cational research about how students learn. This book is
grounded in educational research findings that address
topic sequence, context, conceptual emphasis, and
concept-embedded numerical problem solving. Through-
out the text, we have made an effort to relate the content
to students’ daily lives and show them how chemistry
allows us to understand the phenomena—both simple and
complex—that we encounter on a regular basis. Students’
initial exposure to chemical concepts should be in the realm
of their personal experience, to give context to the abstract
concepts we want them to understand later. This text pre-
sents macroscopic chemical phenomena early and uses
familiar contexts to develop microscopic explanations.

This textbook is designed for the freshman-level Intro-
ductory Chemistry course that does not have a chemistry
prerequisite and is suitable for either a one-semester course
or a two-semester sequence. The book targets introductory
courses taken by non-physical science majors who may
be in allied health, agriculture, or other disciplines that do
not require the rigor of a science major’s General Chemis-
try course, or for students fulfilling university liberal arts
requirements for science credits. In addition, students who
lack a strong high school science background often take
the course as a preparation for the regular General Chem-
istry sequence.

FEATURES OF THIS TEXT

Learning theory indicates that we should start with the
concrete, macroscopic world of experience as the basis
for developing student understanding of abstract, micro-
scopic concepts. This textbook follows a topic sequence
typically found in traditional General Chemistry texts.

That is, macroscopic ideas about chemical behavior are
discussed before descriptions of abstract, molecular-level
concepts associated with electron structure. The macro-
scopic ideas that begin chapters or sections are grounded in
real-life experiences. Where appropriate, the macroscopic
to molecular-level progression of ideas is carried over to
topic sequence within individual chapters or sections in
addition to the general sequence of chapters.

Each chapter begins with a chapter-opening outline
and an opening vignette that personalizes the content by
telling a story about chemical phenomena encountered by
students. These applications help students see how chem-
istry relates to their daily lives.

Chemical Bonding

8.1 Types of Bonds
8.2 lonic Bonding
8.3 Covalent Bonding
8.4 Shapes of Molecules
Summary
Key Terms
Questions and Problems
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Xii Preface

The chapter then offers some guiding questions typical
of inquiry instruction. These Questions for Consideration
serve as a guide in topic development through the chapter.
Margin notes contain further explanations and chemical
applications, combined with visuals, to help students con-
ceptualize lessons.

More sophisticated solar energy
systems use silicon semiconductor
panels that convert sunlight into
electricity.

Questions for Consideration

6.1 What do the coefficients in balanced equations represent?

6.2 How can we use a balanced equation to relate the number of moles of
reactants and products in a chemical reaction?

6.3 How can we use a balanced equation to relate the mass of reactants and
products in a chemical reaction?

6.4 How do we determine which reactant limits the amount of product that
can form?

6.5 How can we compare the amount of product we actually obtain to the
amount we expect to obtain?

6.6 How can we describe and measure energy changes?

6.7 How are heat changes involved in chemical reactions?

@ Math Tools Used in This Chapter
Significant Figures (Math Toolbox 1.2)
Units and Conversions (Math Toolbox 1.3)

We believe that an Introductory Chemistry textbook
should maintain a focus on chemistry, rather than on math.
Students’ interest must be captured early in the semester
if they’re going to persevere in the class. Early in this text
we introduce chemical reactions from macroscopic per-
spectives. A general fundamental knowledge of chemical
behavior on a macroscopic level facilitates further develop-
ment of molecular-level ideas, such as atomic structure.

We believe that the best approach to incorporating
math involves development of associated math on an as-
needed basis with an emphasis on concepts that problems
are trying to illustrate. This text integrates need-to-know
mathematical ideas that are important to chemists into
conceptual discussions. Math toolboxes include a thor-
ough explanation of the math, examples, worked-out solu-
tions, and practice problems.

Chapter 9 The Gaseous State

Math Toolbox 9.1 (cantinued)

6. A straight line can be drawn through all the data poinis. Fol-  Consider another set of dta:
lowing these steps yields the following graph:

Volume (L) Pressure (atm)
Gas volume versus absolute temperaure A 00

232 095

259 085

203 075

328 067

367 060

440 050

512 043

20 30 40 S0 60 700 These data show that volume increases as pressure decreases,

ing the steps for drawing a graph, we obtain the following plot

Practice Problem 9.15

Gas volume versus pressure
The population of Earth increased over an 85-year period., as

population and time. Do the data conform to a straight line?
ettt 50
Population Year a
(in billions) R
150 1920 H
200 1930 30
225 1940
232 it 03 04 05 06 07 08 09 Lo 11
269 1955 Pressure atm)
300 1960
3 1965 A smooth line through the data points forms a curve. The data
363 1970 reveal an inverse relationship between volume and pressure; that
07 1975 s, volume decreases as pressure increases. However, we don't
. have a sraght fine, 50 i is not casy 1o e if the reltionship is
aad b proportional. When scientists encounter such dat, they ofin try
a8 1085 to manipulate the values mathematically to see f a sraight line
528 1990 can be plotid.
S e Lets see what happens if we take the reciprocal of pressure.
(The reciprocal is 1 divided by the quanity we are interested
609 2000 in—in this case, ipressure.)
646 2005

. Volume (L) 1/Pressure
Further Practice: Questions 9.5 and 9.6 a the end of the chapter 5 —
23 105
Proportional and Reciprocal Relationships 259 L18
In general a sraight line through the data points shows that the 293 13
a the li through 328 149

would show that volume and

1. Their relationship can be v L
represented as y = kx. (The slope o the line equals k. 440 200
512 233

Math Toolbox 9.2 Solving Simple Algebraic Equations.

Math Toolbox 9.1 (continued)

‘These data show that as 1pressure increases, the volume also
increases. However, we cannot tell if the data are proportional
uniil we create a graph.

We can obtain values of the dependent variable at any value of
i

‘measurement at that value. We can also determine the value of
the dependent vari adesired value of the
independent variabl the gas volume versus
Upressure graph in Example 0,16,

Gas volume versus Ipressure

60
a0 EXAMPLE 9.16 Reading Data from a Graph

g ‘We want to know the value of pressure when the volume s 3.0 L.

£ a0 using the graph of volume versus 1/pressure.

E Solution:
0 ‘We find this volume on the graph and read the value of /pressure

to'be 1.35 from the position of the straight line. Taking the inverse

2 of this quantit essure of 0.741 at

0

0 12 14 16 18 20 22 24
bressure (1atm) 135

|

—— =071 am

S

Pressi

In general, if a graph of one variable versus the reciprocal
of another variable yields a straight line that would pass through

the origin, then the two variables are inversely (or reciprocally)  Practice Problem 9.16
proportional. That s, We can also determine the v pressure. Use the

i50.550 atm,

eraph to find the volum

1 1
xEs ad yee

Further Practice: Questions 9.9 and 9.10 at the end of the chapter

The general equation is y = k(1/2). (Find k by determining the
slope of the line.)

ﬂ Math Toolbox 9.2 | Solving Simple Algebraic Equations

Algebraic expressions represent many chemical principles, 5o We then divide both sides of the cquation by 16:
understanding the principles requires solving and manipulating
such equations. An algebraic equation is a simple statement of
equality. For cxample, the cquality 9x + 12x = 63 is confirmed
when x =3

Asaseco drrd=izve
+(12x3)=63
©x3)+(12x3)=6: subiract 4 fron

dred-szi2-4
fr=8

Manipulating Equations
‘We can manipulate an cquation in any way thatdocs not destroy

the equaliy Then we multp
quantiy. Operations that il mainain the equalit are

the equation by

« adding the same number to both sides of the equation

« subiracting the same number from both sides of the
equation

+ multiplying or dividing both sides of the equation by the
same number

ting s from b
i both ides o the quaion 0 th sme pover
Conser th squaton 16632 1, Toslv o x,we s add
3210 bt sdes of e stion;
ler-32432= 16432
lov—ds

éToolboxes are referenced with toolbox icons,
where appropriate. As problem solving is developed
within the text, emphasis is placed on the underly-
ing concepts, letting the numerical solutions emerge
from conceptual understanding. Numerical-type prob-
lems often ask students to estimate answers and to con-
sider the physical meaning of calculated quantities.

The problem-solving approach used in this text is sup-
ported by worked example boxes that contain the fol-
lowing steps: question(s), solution, practice problems, and
further practice.

62 Mole-Mole Conversions 205
3mol CO,
mol CO, = 9.21 mok€;H, x LY 276molCO,
: 1 mok€;H, :
Example 6.1 gives you the opportunity to practice using mole ratios as conversion
factors.
Conversions

If 1.14 mol of CO, was formed by the combustion of C;Hy, how many moles of
H,0 were also formed?

CJH(g) + 50,(8) —= 3C0,(2) + 4H,0(¢)

Solution:
‘We know the number of moles of CO,, and we want to know the moles of H,0:

Moles CO; | -y Moles H,0

‘The relationship we use to convert from moles of CO, to moles of H,0 is the
mole ratio we get from the balanced equation:

First we must ensure that the equation is balanced. Ye: . 50 the coefficients in
the equation give mole elationships between CO; and H0, which can be written
in two ways:

3 mol CO, 4 mol H,0

Tmolo ™ Fmarco,

‘The mole ratio to be used as the conversion factor is selected so that multiply-
ing the known moles of CO, by the ratio will cancel the old units (ol CO;) and
introduce the new units (mol H,0):

4molHo0 ) o molH,0 ¥y
3 mol-€0, : -

Notice that the units cancel properly. We would expect the moles of H,0 to be
ereater than the moles of CO,, based on the 4:3 ratio in the balanced equation, so
this answer makes physical sense.

mol H,0 = 114 mol€o; x

Practice Problem 6.1

Pure methanol is used as a fuel for all race cars in the Indy Racing League and in
the Championship Auto Racing Teams. It is used because methanol fires are
easier to put out with water than the fires of most other fuels. The balanced equa-
tion for the combustion of methanol is

2CH,OH(1) + 30,(g) == 2CO4(g) + 4H,0()
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EXAMPLE 9.2 ical Relationship of Volume
Pressure for a Gas

The piston shown in the figure represents starting conditions for a helium gas
sample. Suppose the volume and pressure correspond to point A on the graph. If

the pressure increases by a factor o
the new volume and pressure

Problem solving in chemistry is much more than algo-
rithmic number crunching. It involves applying principles
to solve conceptual as well as numerical problems. Con-
ceptual problems are those that require students to apply
their understanding of concepts instead of applying an
algorithm. This text emphasizes the underlying concepts
when discussing numerical problems within in-chapter
worked examples. Many end-of-chapter problems also
emphasize conceptual problem solving.

The Art Program

A conceptual understanding of chemistry requires stu-
dents to visualize molecular-level representations of mac-
roscopic phenomena, as well as to connect macroscopic
and molecular-level understandings to symbolic represen-
tations. To help students connect verbal descriptions to
molecular-level representations, this book has an extensive
art program. You’ll notice many examples of zoomed art,
where pictures or other macroscopic images have close-ups
that show the particular phenomena at a molecular level.

382 Chapter 10 The Liquid and Solid States

FIGURE 10.13 When solid iodine is
heated, it sublimes into the gaseous state.
It returns to the solid state on the cold
surface of the upper tube filled with ice.

"
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Nitric acid

Hydrochloric
acid
HCI

Sodium
chloride
NaCl

Ccr

H,0"

Acetic acid
CH;CO,H
Methanol
CH,OH

CH,;OH

FIGURE 3.6 For each of the solutions, inspect the molecular-level images in which each type of
particle is labeled. If any of these substances dissociate into ions, separate particles of single
atoms (or atom groups) are visible. Which of the compounds dissociate completely in solution?
‘Which only partially dissociate? Which do not dissociate at all? The acids do not simply
dissociate, but form HyO" ions in solution.

There are several other features of this textbook that
support student learning. End-of-chapter materials include
asummary, math toolboxes (when appropriate), key terms
list, and key relationships. Each chapter has extensive end-
of-chapter questions and problems that range in difficulty
and conceptual/quantitative emphasis. The questions and
problems are sorted by section and are paired, with odd-
numbered answers appearing in Appendix D. There are
also vocabulary identification questions at the beginning
of the end-of-chapter problems, as well as many questions
involving interpretation of molecular-level images.

I KEY RELATIONSHIPS

Relationship

be expressed in different units.

I QUESTIONS AND PROBLEMS

The follow

ind problems, except for those in the Additional
d prob
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The Behavior of Gases

Students who enroll in an Introductory Chemistry

course often take an associated lab. Most of the
experiments these students conduct involve working
with solutions. To enhance this lab experience, a brief
introduction to solution behavior appears early in the
textbook (Chapter 4). This early introduction will allow

students to better understand what they experience in the

lab, as well as understand the multitude of solutions we
encounter on a daily basis.

NEW FEATURES

e All New Chapter 17, Biochemistry. In response to
many faculty members who like the approach of this
textbook, but also need Biochemistry content, a Bio-
chemistry chapter has been added to the text. The
chapter discusses the four classes of biomolecules:
proteins, nucleic acids, carbohydrates, and lipids.

U % Math Toolboxes have beenreworked, expanded,
and now include accompanying end-of-chapter
problems. Worked examples and practice problems
have been added to the Math Toolboxes. To help stu-
dents easily reference Math Toolboxes, toolbox icons
have been added to the text margin which will

point students to the appropriate review material.

¢ New and Expanded Applications. Because we know
how important it is for students to apply chemistry to
their world, we have added or expanded applications,
especially medical and environmental applications,
throughout the text, margin notes, worked examples,
and end-of-chapter problems.

New and Revised End-of-Chapter Problems. We
think it is important to keep problems fresh and up-to-
date, so we have added more than 200 new problems
and more than 100 revised problems to this edition.

DETAILED LIST OF CHANGES

Chapter 1

New margin notes were added to aid students in their
understanding of the periodic table, amorphous solids,
relationships between volume and radius, Fahrenheit
to Celsius conversion equations, trails on molecular
art to show speed, and volume of spheres.

Figure legends were expanded for Figures 1.5 and 1.15
to help clarify the figure concepts for the students.
Example 1.5 was replaced with a new, more challeng-
ing conversion for units of mass and volume.

An English-metric conversion table was added to the
body of the text.

Example 1.6 now includes an algebraic explanation for
rearranging the density equation to solve for volume.
Example 1.9 was updated with an additional tempera-
ture conversion.

A completely new figure, Figure 1.29, was added to
explain and clarify the difference between kinetic and
potential energy.

The “Scientific Inquiry” section was expanded to
include ideas of green chemistry and sustainability.

A photo was added to demonstrate combinatorial
chemistry.

Explanations were added on how to use the calculator
to input numbers in exponential notation.

“Units of Energy” moved to a more relevant location
in Chapter 6.

Chapter 2

The visual representations for nuclei art were
clarified.

Discussion of isotopes was expanded.

A new figure was added to help identify the regions of
the periodic table.

The explanations to answers in Example 2.10 were
expanded.

Chapter 3

The chapter introduction was modified for clarity and
brevity.

Examples of compounds were added to the end boxes
of all nomenclature flowcharts.

Tables in the end-of-chapter problems were modified
to create a consistent, easy-to-read design.
End-of-chapter problems were adjusted to focus on
common student misconceptions.

Chapter 4

Photos were added in worked examples to give stu-
dents a visual reference to the material.



The chapter was reorganized to begin with percent
composition, a macroscopic property, and then move
on to mole quantities, which relates macroscopic and
molecular levels.

To help clarify percent composition, a new example
on the subject was added.

Explanations were expanded in Figure 4.15 (formula
units) and in the text for formula units and counting
particles.

This chapter contains a new in-text example convert-
ing moles to particles and a new worked example that
demonstrates moles present in a solution of known
molarity.

A completely new figure was added that shows a
molecular-level representation of CuCl, dissolving.

Chapter 5

A modified introduction has been written for this
chapter to make it more engaging.

A step-wise approach to balancing equations has been
added to the section on writing chemical equations.
To help clarify concepts, the solution to Example 5.10
and the caption to Figure 5.27 were extended.

The discussion of net ionic equations was expanded to
include single-displacement examples.

Chapter 6

Explanations to Examples 6.1 and 6.5 were expanded
to help clarify mole-to-mole conversions and
molecular-level limiting reactants.

A margin note on green chemistry was added.

A less challenging example was written to explain
limiting reactants.

The discussion on energy was reorganized from
Chapter 1 into this chapter.

A new section (6.7) was added that discusses heat
changes in chemical reactions.

Chapter 7

New marginal notes were added to cover the follow-
ing: algebra for solving the speed-of-light equation for
frequency, orbital filling orders, counting d-electrons
as valence electrons, and what happens when elec-
trons are added to an atom.

Figure 7.5 was enhanced with two additional wave-
length bars.

Clarification statements were added to the discussion
of the periodic table blocks and the effect of shielding
on periodic properties.

The “Atomic Spectra” section was enhanced with an
explanation of neon lights.

Chapter 8

The discussion was expanded on electronegativity and
relative bond polarity using electronegativity trends.
The procedure for drawing Lewis structures was
modified.

Preface XV

A new resonance example featuring O;
introduced.

The discussion of rules for Lewis structures of oxo-
acids was expanded, as well as the solution to Example
8.9 (“VSEPR and Parent Structures”).

A short discussion of expanded octets was included.

was

Chapter 9

A new figure (9.21) was added to explain partial
pressure.

Two marginal notes were added: one to explain Gra-
ham’s law, and the other to explain how to calculate
vapor pressure.

A new equation was added to Figure 9.2 to aid stu-
dents in their lab work.

Inquiry questions were written into the main text to
help students analyze new concepts.

Chapter 10

Figures 10.7 and 10.9 were updated to clarify atoms
coming from the surface of liquid.

Emphasis was added to energy changes that accom-
pany physical changes.

Worked examples were enhanced with an added
energy component.

A worked example was added for calculating the total
energy associated with a series of phase changes.
Vector arrows were overlaid on molecular models to
help students determine polarity of molecules.

A comparison of intermolecular force strength to
covalent bonding in hydrogen was added.

Chapter 11

The chapter was reorganized to move the discussion
on “Structure and Solubility” to a more fitting location
within Section 11.3, “Factors That Affect Solubility.”
New medical and environmental applications have been
added to examples and end-of-chapter problems.

A new example on ppm and ppb applications was
created for this chapter.

Chapter 12

To aid in student understanding, the solutions in
Examples 12.4 (“The Effect of a Catalyst on Activa-
tion Energy”) and 12.6 (“Determining K, from Equi-
librium Concentrations”) were expanded.

A new marginal note to explain equilibrium quotient
was added.

Chapter 13

New marginal notes were added to explain conjugate
base strengths of strong acids and Lewis acids and
bases.

Explanations were added to clarify discussions on indi-
cators, acidity of ammonium salts, the source of ions
that are conjugate bases of weak acids, pH’s effect on
hydrangeas, and the bicarbonate buffer systems.
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e Two new figures were added, one to show auto-ioniza-
tion of water, and the other to summarize hydronium
ion, hydroxide ion, pH, and pOH relationships.

Chapter 15
e Section 15.1, “Radioactivity,” was rewritten to explain
nucleons and nuclides.
e Section 15.2 has a new paragraph that now elaborates
the spontaneous process of nuclear decay and in con-
trast, nuclear bombardment.

Chapter 16

* Applications were added on catalysts, breathalyzer
tests, and octane ratings.

* Structures were expanded to clarify the synthesis of
soap.

e Section 16.8 on simple amines was lengthened to
provide better coverage.

¢ Section 16.9 in the first edition, “Molecules with Mul-
tiple Functional Groups,” was moved to better fit into
the new Biochemistry chapter (Chapter 17).

SUPPLEMENTS FOR THE INSTRUCTOR

* Instructor’s Solutions Manual. This manual con-
tains complete, worked-out solutions for all the end-
of-chapter problems in the text. It can be accessed
within the password-protected instructor edition of the
textbook website that accompanies this text.

* Online Homework System. McGraw-Hill’s online
homework system makes homework meaningful—and
manageable—for instructors and students. Instructors
can assign and grade chapter-specific homework within
the industries most robust and versatile homework
management system. They can also create and share
course materials and assignments with colleagues with
a few clicks of the mouse. Instructors can edit questions,
import their own content, and create announcements
and due dates for assignments. Homework questions
can be imported into a variety of course management
systems such as WebCT, Blackboard, and WebAssign.
These course cartridges also provide online testing and

The following reaction is a key step in black —~and~white photography:
AgBr(s) + 25,0, (ag) — A(S;04)," (ag) + Br~ (aq)
During fixing, 245 mL of hypo (sodium thiosulfate) was used. The hypo concentration was
0.1053 M before the AgBr reacted, and 0.0468 M afterward. How many grams of AgBr
reacted?
Step 1t
Caleulate the moles of initial and final hypo. Take the difference in moles to find the molar amount
of hypo. Use di ional analysis to inc the mass of silver bromide that reacted

with the hypo.
1L
s = (50 ) (G ) (ST ) -

powerful student tracking features. From the website,
students can access chapter-specific study tools such as
—Self-quizzes

—Animations

—Appendix materials

Go to www.mhhe.com/bauer to learn more about
online homework.

Instructors: To access online homework, request reg-
istration information from your McGraw-Hill sales
representative.

McGraw-Hill Presentation Center. Build instruc-
tional material wherever, whenever, and however you
want! The McGraw-Hill Presentation Center is an
online digital library containing assets such as photos,
artwork, PowerPoint presentations, worked examples
and tables, and other media types that can be used
to create customized lectures, visually enhanced tests
and quizzes, compelling course websites, or attractive
printed support materials. The McGraw-Hill Presenta-
tion Center Library includes thousands of assets from
many McGraw-Hill titles. This ever-growing resource
gives instructors the power to utilize assets specific to
an adopted textbook as well as content from all other
books in the library. The Presentation Center can be
accessed from the instructor side of your textbook’s
website, and the Presentation Center’s dynamic search
engine allows you to explore by discipline, course,
textbook chapter, asset type, or keyword. Simply
browse, select, and download the files you need to
build engaging course materials. All assets are copy-
righted by McGraw-Hill Higher Education but can be
used by instructors for classroom purposes.

Over 300 animations are available through the
textbook website. Many animations are linked to
appropriate sections of the textbook using the f& icon.
They supplement the textbook material in much the
same way as instructor demonstrations. However, for
the students, they are only a few mouse-clicks away,
anytime, day or night. Realizing that students are
visual learners and quite computer-literate, the anima-
tions add another dimension of learning; they bring a
greater degree of reality to the written word.
elnstruction McGraw-Hill has partnered with eln-
struction to provide the revolutionary Classroom Per-
formance System (CPS) to bring interactivity into the
classroom. CPS is a wireless response system that
gives the instructor and students immediate feedback
from the entire class. The wireless response pads are
essentially remotes that are easy to use and engage
students. CPS allows you to motivate student prepa-
ration, interactivity, and active learning so you can
receive immediate feedback and know what students
understand. Text-specific questions, formatted for
both CPS and PowerPoint, can be downloaded from
the textbook website at www.mhhe.com/bauer.



SUPPLEMENTS FOR THE STUDENT

Student Solutions Manual. This separate manual con-
tains detailed solutions and explanations for all odd-num-
bered problems in the text.

Textbook Website. This website is available to students
and instructors using this text. This user-friendly program
allows students to complete their homework online, as
assigned by their instructors. This site offers quizzing and
animations for further chapter study and can be found at
www.mhhe.com/bauer.
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Anna and Bill are enrolled in an introductory chemistry course. For their first
assignment, the professor has asked them to walk around campus, locate objects
that have something to do with chemistry, and classify the things they find according
to characteristics of structure and form.

Anna and Bill begin their trek at the bookstore. They spot a fountain, a large
metallic sculpture, a building construction site, and festive balloons decorating the
front of the store. They notice water splashing in the fountain and coins that have
collected at the bottom. The metallic sculpture has a unique color and texture. At the
building construction site they notice murals painted on the wooden safety barricade.
Through a hole in the fence, they see a construction worker doing some welding.

Bill and Anna make a list of the things that attracted their attention and start
trying to classify them. Inspecting the fountain, they notice that it appears to be
composed of pebbles embedded in cement. As water circulates in the fountain, it
travels in waves on the water’s surface. The coins in the fountain, mostly pennies,
vary in their shininess. Some look new, with their copper color gleaming in the
bright sunshine. Others look dingy, brown, and old. The metal sculpture has a
unique, modern design, but it’s showing signs of age. A layer of rust covers its entire
surface. Anna and Bill decide to classify the sculpture as a metal, like the coins in
the fountain. They also conclude that the water, pebbles, and concrete in the fountain
are not metals.

As they approach the construction site, Anna and Bill examine the painted
mural. Through the peephole in the mural, they see gravel, cinder blocks, metallic
tubes for ductwork, steel beams, and copper pipe. They add more nonmetals and
metals to their list. A welder is joining two pieces of metal. Sparks are flying every-
where. Anna and Bill wonder what is in the sparks. Since the sparks are so small and
vanish so rapidly, they don’t know how to classify them.

As they continue their walk, they pass the intramural fields and the gym where
they see students using tennis rackets, baseball bats, bicycles, and weight belts. They
wonder how they will classify these items. For lunch, Bill and Anna buy pizza. They
sip soft drinks from aluminum cans. They settle on a bench to enjoy their lunch in
the sunshine and watch students playing volleyball in a sandpit. As they put on their
sunscreen, they wonder how they might classify sunlight. After lunch, they hurry off
to an afternoon class. On the way, they notice a variety of vehicles on campus. Some
are gasoline-powered cars and buses, but others have signs on them saying they
operate on alternative fuels. Trucks lumber by, exhaust fumes spewing from their
tailpipes. Bill and Anna feel the hoods of parked cars. Some are still warm from their
engine’s heat.

How are Bill’s and Anna’s observations related to chemistry? What characteris-
tics have they identified that they can use for classification purposes? They have
started their classification with metals and nonmetals. What other categories should
they devise?

Now it’s your turn. Make a list of things relevant to chemistry in the location
where you are reading this. How will you classify the things on your list? What
characteristics will you use to organize the items into categories? Most important,
why bother to classify things at all?

In this chapter we will explore some answers to these questions. As you learn
what chemistry is, you’ll begin to develop explanations for how substances look,
change, and behave.

Questions for Consideration

1.1 What characteristics distinguish different types of matter?

1.2 What are some properties of matter?

1.3 What is energy and how does it differ from matter?

1.4 What approaches do scientists use to answer these and other questions?



4 Chapter 1 Matter and Energy

é Math Tools Used in This Chapter

This icon refers to a Math Scientific Notation (Math Toolbox 1.1)
Toolbox that provides more Significant Figures (Math Toolbox 1.2)
detail and practice. Units and Conversions (Math Toolbox 1.3)

FJ | MATTER AND ITS CLASSIFICATION

All the things that Anna and Bill observed on campus are examples of matter. The
fountain, the metal sculpture, the construction site, the balloons outside the book-
store, the exhaust fumes from buses, the pizza they had for lunch, even Bill and
Anna themselves—all are matter. Matter is anything that occupies space and has
mass. Mass is a measure of the quantity of matter. The interaction of mass with
gravity creates weight, which can be measured on a scale or balance.

Some of Bill’s and Anna’s observations, however, were not of matter. Sunlight,
the light from welding, and the heat of automobile engines are not matter. They do
not occupy space, and they have no mass. They are forms of energy. Energy is the
capacity to move an object or to transfer heat. We’ll discuss energy in Section 1.3,
but for now, let’s focus on matter.

All of Anna’s and Bill’s observations are relevant to chemistry, because chem-
istry is the study of matter and energy. Since the entire physical world is matter and
energy, chemistry would be an overwhelming subject of study if we did not classify
phenomena in manageable ways. Anna and Bill used characteristics like shininess
and hardness when they decided some materials were metals and others were not.
Let’s explore some other characteristics that can be used to classify matter.

Composition of Matter

One way to classify matter is by its chemical composition. Some types of matter
always have the same chemical composition, no matter what their origin. Such
matter is called a pure substance or more briefly, a substance. A pure substance has
the same composition throughout and from sample to sample. It cannot be separated
into components by physical means.

Some pure substances can be observed. For example, the aluminum in Anna’s
soda can is pure. It is not combined with any other substances, although it is coated
with plastic and paint. Consider also the sandpit where Bill and Anna watched the
volleyball game. The sand is not a pure substance, but if we removed all the dirt,
minerals, and other contaminants, it would be the pure substance, silica, which is
one kind of sand (Figure 1.1). Grains of silica differ in size, but they all have the
same chemical composition, which can be determined in the laboratory.

In contrast to pure substances, other materials are mixtures. A mixture consists of
two or more pure substances and may vary in composition. The fountain, for example,
is made from a mixture of gravel, concrete, and pebbles. Even the water in the fountain
is not a pure substance since small amounts of gases and minerals are dissolved in it.
‘ Like sand, however, it could be made pure if all the other substances were removed.

EERE Are there any things where you are now that might be pure substances? Actu-
. \NW ally, pure substances are rare in our world. Most things are mixtures of some kind.
Nm‘ W Pure substances are found most often in laboratories where they are used to deter-

ﬂ mine the properties and behavior of matter under controlled conditions.

FIGURE 1.1 Sand is composed of Elements All matter consists of pure substances or mixtures of substances. Pure
a mineral, silica. It contains the substances, in turn, are of two types: elements and compounds. An element is a
elements silicon and oxygen in substance that cannot be broken down into simpler substances even by a chemical

specific proportions. reaction. For example, suppose we first purified the water in a fountain to remove



1.1 Matter and Its Classification 5

contaminants. Then we used a chemical process called electrolysis to separate it into
its component elements. Water can be broken down by chemical means into hydro-
gen and oxygen, as shown in Figure 1.2, so water is not an element. The hydrogen
and oxygen, however, are elements. We cannot break them down into any simpler
substances using heat, light, electricity, or any chemical process. We can convert
them into more complex substances, but not into simpler ones.

Elements are the building blocks of all matter. Of the 111 elements that have
been given names, 83 can be found in natural substances and in sufficient quantity
to isolate. The many examples of matter that we use, see, and read about are all
built up of different elements in different combinations. The elements that are not
isolated from natural sources on Earth have been synthesized by scientists. Some
are so unstable that they have only a fleeting existence, including those that have not
yet been formally named. To classify elements, chemists use a periodic table, like
that shown in Figure 1.3. The elements in each column, called groups or families of =~ FIGURE 1.2 When electric current is
elements in the periodic table, share similar characteristics, or properties. passed through water, the water

Elements are generally classified into two main categories: metals and nonmet- ~ decomposes into the elements
als. Generally, a metal can be distinguished from a nonmetal by its luster (shini- ~ Pydrogen and oxygen. The hydrogen
ness) and ability to conduct electricity (electrical conductivity). Copper, aluminum, (left) and oxygen (right) can be seen
. .. bubbling to the tops of the tubes.
iron, and other metals are good conductors of electricity. Nonmetal elements, such
as carbon (in the form of diamond), chlorine, and sulfur, normally are not. Note the

MAIN-GROUP [ Metals (main-group) MAIN-GROUP
ELEMENTS [ Metals (transition) ELEMENTS
— [1 Metals (inner-transition) e A N\
1A [ Metalloids VIIIA
(1) 1 Nonmetals (18)
1 2
1| H | na IMA | IVA | VA | VIA | viia | He
1.008 | (2) 13) | (14) | 15 | 16) | (17) |4.003
5 6 7 8 9 10
2 B C N (0] F Ne
10.81 | 12.01 | 14.01 | 16.00 | 19.00 | 20.18
( TRANSITION ELEMENTS 3 14 15 16 17 18
3 mB | IVB | VB | VIB | VIB |[——VIIB—— B | IIB Si P S Cl | Ar
A l@!leolee !l ol e © aay | a2 28.09 | 30.97 | 32.07 | 35.45 | 39.95
< 32 | 33 | 34 | 35 | 36
g 4 Ge As Se Br Kr
~ 72.61 | 74.92 | 78.96 | 79.90 | 83.80
51 52 | 53 | 54
5 Sb Te I Xe
121.8 | 127.6 | 126.9 | 1313
85 | 86
6 At Rn
(210) | (222)
7

s T T T s -
# INNER-TRANSITION ELEMENTS "7~ =-=--—-___

58 59 60 61 62 63 64 65 66 67 68 69 70 71
6 | Lanthanides | Ce Pr Nd | Pm | Sm | Eu | Gd | Tb Dy | Ho Er | Tm | Yb Lu
140.1 | 140.9 | 144.2 | (145) | 150.4 | 152.0 [ 157.3 | 158.9 | 162.5 | 164.9 | 167.3 | 168.9 | 173.0 | 175.0

90 91 92 93 94 95 96 97 98 99 100 101 102 103
7| Actinides Th | Pa U Np | Pu |Am |Cm | Bk | Cf | Es | Fm | Md | No | Lr
232.0 | (231) | 238.0 | (237) | (242) | (243) | (247) | (247) | (251) | (252) | 257) | (258) | (259) | (260)

FIGURE 1.3 The periodic table organizes the known elements according to their properties. The letters are symbols for the names
of the elements.
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Copper

Carbon Aluminum Sulfur Tin

FIGURE 1.4 Some elements. Which

f these are metals? . . A
O These are metas difference in appearance of the metals and nonmetals shown in Figure 1.4. Not all

elements fit neatly into such categories. In Chapter 2 we’ll discuss elements that
have properties somewhere between metals and nonmetals.

tals and Nonmetals

Which of the elements pictured are metals? Why do you think so?

Carbon Magnesium

Sulfur Aluminum

Solution:

Notice that three of the elements—iron, aluminum, and magnesium—have a
luster; that is, they shine. They are metals. If you could handle and test the sub-
stances, you could use other properties, such as electrical conductivity, to distin-
guish between metals and nonmetals.

Practice Problem 1.1

Identify the nonmetals in Figure 1.4. Explain the characteristics you considered
in making your decision.

l Further Practice: Questions 1.29 and 1.30 at the end of the chapter
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TABLE 1.1 | Symbols of Selected Elements

copper cuprum Cu potassium kalium K
gold aurum Au silver argentum Ag
iron ferrum Ee sodium natrium Na
lead plumbum Pb tin stannum Sn
mercury hydrargyrum Hg tungsten wolfram w

To avoid having to write out the name of an element every time we refer to it, we
use a system of symbols. An element symbol is a shorthand version of an element’s
longer name. Often, the symbol is one or two letters of the element’s name (C for
carbon, He for helium, Li for lithium). The first letter is uppercase, and the second
letter, if present, is lowercase. When the names of two elements start with the same
two first letters (magnesium and manganese, for example), the symbol uses the first
letter and a later letter to distinguish them (Mg for magnesium, Mn for manganese).

For a few elements, the symbols are based on their Latin names or on names
from other languages. These are listed in Table 1.1. Some recently synthesized ele-
ments have been named for famous scientists. Others have not been given perma-
nent names. You’ll find a list of the modern names and symbols on the inside front
cover of this book.

Potassium is a soft, silver-colored metal that reacts vigorously with water. Write
the symbol for the element potassium.

Solution:

The symbol for potassium is K. In the periodic table, potassium is element 19 in
group (column) TA (1) of the periodic table.

Practice Problem 1.2

(a) Lead is a soft, dull, silver-colored metal. Write the symbol for the element
lead.

(b) The symbol for a common element used to make jewelry is Ag. What is the
name of this element?

Further Practice: Questions 1.37 and 1.38 at the end of the chapter

Compounds A compound, sometimes called a chemical compound, is a sub-
stance composed of two or more elements combined in definite proportions. A com-
pound has properties different from those of its component elements. For example,
iron pyrite can be broken down into its component elements, iron and sulfur, but its
characteristics are different from both (Figure 1.5). Anna and Bill saw many com-
pounds that can be chemically separated into their component elements. Sand is a
compound of silicon and oxygen. Water, as discussed earlier, is composed of hydro-
gen and oxygen. The cheese on their pizza contains many complex compounds,
but each of the compounds contains carbon, hydrogen, oxygen, nitrogen, and a few
other elements.

To become familiar with the
periodic table, you should learn the
names and symbols for the first 36
elements, as well as the symbols for
silver, tin, gold, mercury, and lead.
Your instructor may ask you to learn
others.

FIGURE 1.5 Iron pyrite is composed
of the elements iron and sulfur. Iron
is magnetic and can be separated
from sulfur when the two exist as
elements mixed together. Iron pyrite,
a compound of iron and sulfur, is

not magnetic.
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Graphite leaves a mark similar to
that made by dragging a rod of lead
along a surface, so it was called
lead. A hardness number indicates
the relative amounts of graphite and
clay in a pencil lead. A number 2
pencil is fairly soft, while a number
6 pencil is quite hard. Which has
more graphite?

FIGURE 1.6 To collect salt, water is diverted
into large ponds. The water evaporates, leaving

solid salt behind.

Chemists represent compounds with formulas based on the symbols for the ele-
ments that are combined in the compound. (Chemical formulas are not the same as
the mathematical formulas that may be familiar to you, such as A = 77? for the area
of a circle.) A chemical formula describes the composition of a compound, using
the symbols for the elements that make up the compound. Subscript numbers show
the relative proportions of the elements in the compound. If no subscript number
is given for an element in a formula, then you may assume that the element has a
relative proportion of one. For example, water is known to consist of one unit of
oxygen and two units of hydrogen. This compound is represented by the formula
H,0. Sodium chloride, the chemical compound commonly called table salt, con-
tains equal portions of the elements sodium and chlorine. Its formula is therefore
NaCl. We will discuss formulas in detail in Chapter 3.

Mixtures Some forms of matter, such as pencil lead, do not have the same com-
position in every sample. (Pencil lead isn’t the element lead. It is a mixture of graph-
ite and clay.) A mixture consists of two or more elements or compounds. It is
possible to separate mixtures into their component pure substances. The separation
can be done physically, using procedures such as grinding, dissolving, or filtering.
Chemical processes are not needed to separate mixtures.

We can illustrate the difference between pure substances and mixtures by
looking at salt water. Water that has been purified is a pure substance that is com-
posed of hydrogen and oxygen, always in the same proportions. Salt water, on the
other hand, is water mixed with salt and many other substances in varying propor-
tions. For example, the Great Salt Lake in Utah is approximately 10% salt, while the
Dead Sea is about 30% salt. In either case, we can readily separate salt from water
by evaporating the water (Figure 1.6).
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Mixtures differ in uniformity of composition. A homogeneous mixture has a
uniform composition throughout and is often called a solution. Most solutions that
we commonly encounter are composed of compounds dissolved in water. They are
often clear. For example, a well-mixed sample of salt water prepared in a kitchen is
uniform in appearance. The salt dissolved in it is invisible. Furthermore, any micro-
scopically small portion of the sample would have the same composition as any
other. The particles in the mixture might not be arranged in exactly the same pattern,
but each sample, regardless of size, would have the same components in the same
proportions.

A mixture that is not uniform throughout—a mixture of salt and pepper, for
instance—is a heterogeneous mixture. Different samples have their components
present in different proportions. Which of the things that Bill and Anna had for lunch
is a homogeneous mixture? Which is heterogeneous? How about your own lunch?
How can you tell?

We have considered a number of classes and subclasses of matter: mixtures,
solutions, heterogeneous mixtures, pure substances, compounds, elements, metals,
and nonmetals. A method for classifying matter into these categories is outlined in
Figure 1.7. Note in the figure that yes or no answers to several questions distinguish
one type of matter from another. First, we ask if the material can be separated physi-
cally. If so, then it is a mixture. If not, it must be a pure substance. If this substance
can be decomposed (broken down into simpler substances) by chemical reactions,
it is a compound. If it cannot, it is an element.

[ Matter J

v

{ Can it be physically

separated?

No Yes

./ ¥

[ Pure substance ] [ Mixture ]

. 4

Is it homogeneous? ’

Can it be decomposed

chemically?
No | Yes No Yes
Element Compound Heterogeneous Solution
mixture

\ 4

Does it conduct
electricity?

No Yes

\/ ¥

[ Nonmetal ] [ Metal

J or [ Graphite ]

FIGURE 1.7 We can classify matter by answering the short series of questions in this flowchart.

Not all solutions are liquids. For
example, consider air that has been
filtered to remove suspended solid
particles. Filtered air is a gaseous
solution containing a mixture of
primarily oxygen and nitrogen gases,
along with several other gases in
lesser quantities. Solid solutions
also exist and are called alloys. For
example, the 14-carat gold used in
rings is a solution of gold, silver,
and copper.
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Although chemists generally use
color coding to distinguish between
atoms of different elements in rep-
resentations, the atoms themselves
do not have colors. Macroscopic
samples of matter may have color,
but these colors do not usually
match those used to represent
atoms. In accurate representations,
the sizes of the spheres change to
reflect the relative differences in the

sizes of atoms of different elements.

nts, Compounds, and Mixtures

Which of the following pictures represent pure substances?

Solution:

The copper on the outside of the coin and the helium inside the balloons are pure
substances. (However, the helium and balloons considered together provide an
example of a mixture.)

Practice Problem 1.3

Which of the pictures represent mixtures? Which are heterogeneous? Which are
homogeneous?

Further Practice: Questions 1.43 and 1.44 at the end of the chapter

Representations of Matter

Chemists and other scientists view the world on several different levels. So far we
have considered matter on a macroscopic scale. That is, we’ve discussed matter and
phenomena we can see with our eyes. But simple observation is limited. Sometimes
we cannot classify things merely by looking at them as Anna and Bill did. What do
we do then? Chemists try to make sense of the structure of matter and its behavior
on a scale that is much, much smaller than what we can see with our eyes.
Consider the copper pipe at the construction site, for example. If we could
enlarge the tiniest unit that makes up the pipe, what would we see? Experimental
evidence tells us copper is made up of discrete, spherical entities that all appear
to be identical (Figure 1.8). Chemists identify these entities as atoms. An atom is
the smallest unit of an element that has the chemical properties of that element.
For example, we can imagine the helium inside a balloon as many, many atoms of
helium, which we represent symbolically as He. In Figure 1.9, each sphere repre-
sents a single helium atom. Similarly, if we could magnify the structure of water,
we would find two small hydrogen atoms bound separately to a single larger oxygen
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Copper atom Helium atom

<

@ <
@ ©

FIGURE 1.8 A copper pipe consists of a FIGURE 1.9 Helium atoms are present inside
regular array of copper atoms. the balloon.

Oxygen
atom

Hydrogen
atom

FIGURE 1.10 Molecules containing hydrogen atoms and oxygen atoms make up the water in
the fountain.

atom. Such a combination of elemental units is a molecule. Molecules are made up
of two or more atoms bound together in a discrete arrangement. Several molecules
of water, H,O, are shown in Figure 1.10, where the central red sphere represents an
oxygen atom and the two smaller, white spheres stand for hydrogen atoms. (Some
compounds do not exist as molecules. We will discuss them in Chapter 3.)

In addition to molecules of compounds, molecules can also be formed by the
combination of atoms of only one element. For example, as shown in Figure 1.11,
the oxygen we breathe consists of molecules of two oxygen atoms joined together.
We represent oxygen molecules symbolically as O,.

Chemists use many different ways to represent matter. Some are shown in
Figure 1.12. Element symbols with subscripts represent a ratio of elements in a
compound. One example is Figure 1.12B. To describe how the atoms are attached
to one another, chemists often use lines and element symbols as shown in Figure
1.12C. In Figure 1.12D spheres represent the atoms, and sticks show how they are

connected. Figure 1.12E represents how the atoms fit together and their relative  FIGURE 1.12 Different ways of

11

FIGURE 1.11 Oxygen molecules are
made up of two interconnected
oxygen atoms and are represented
symbolically as O,.

sizes. Macroscopic, molecular-level, and symbolic representations like these all representing water: (A) macroscopic,

have their advantages, and sometimes one is more convenient than another. You’ll (B and C) symbolic, and (D and E)

use them all as you progress through this course. molecular.
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@ ANIMATION: Three States of Matter

FIGURE 1.13 Dry ice is the solid
state of carbon dioxide. It converts
from a gas to a solid at a very low
temperature.

Some solids, called amorphous
solids, do not have the high order
that most crystalline solids have.

entations of Matter

(a) Which of these images best represents a mixture of elements?

0 » Qo
® o o ¥
A B C
@
v (=
® @ - Y
('Y}
D E

(b) If image A represents nitrogen, write its formula.

Solution:

(a) There are two mixtures represented in the images. Since the spheres (repre-
senting atoms) in image C have different colors and sizes, we can conclude
that image C is a mixture of two elements. Image D is also a mixture, but it
is a mixture of an element and a compound.

(b) The formula of the substance represented in image A is N,. Note that two
atoms are connected in the molecule.

Practice Problem 1.4

(a) Which of the images represents an element that exists as a molecule?
(b) If image E represents a compound of oxygen (red) and sulfur (yellow), what
is its formula? (Write the symbol for sulfur first.)

Further Practice: Questions 1.49 and 1.50 at the end of the chapter

States of Matter

Earlier we considered the classification of matter based on composition. Let’s look
at a different way to classify matter: by its physical state. A physical state is a form
that matter can take. The three most familiar to us are solid, liquid, and gas. Some
substances, including some of those Anna and Bill observed, can be found in all three
states under more or less ordinary conditions. Water, for example, can be a solid (ice),
a liquid (flowing water), or a gas (water vapor) at environmental temperatures.

Other substances require extreme conditions to change from one state to another.
For example, while carbon dioxide is a gas under normal conditions, it becomes a
solid, called dry ice, at very low temperatures (Figure 1.13).

How do we know if a substance is in the solid, liquid, or gaseous state? Each
state has characteristics that we can observe with our eyes and characteristics that
are detectable or measurable at the molecular level. These characteristics are sum-
marized in Table 1.2.

A solid has a fixed shape that is not related to the shape of the container holding
it. When you place an iron pipe in a box, the pipe does not change shape. Some
solids can be made to change shape if enough force is applied. However, if you try
to squeeze a solid to make it smaller, you’ll fail. A solid cannot be compressed
because its particles are arranged in a tightly packed, highly ordered structure that
does not include much free space into which they might be squeezed. Note the
closely packed particles in the solid state of iron shown in Figure 1.14.
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TABLE 1.2 | Characteristics of the Physical States of Matter

Solid Liquid Gas
fixed shape shape of container (may or shape of container (fills it)
may not fill it)
its own volume its own volume volume of container
no volume change under slight volume change under large volume change
pressure pressure under pressure
particles are fixed in place in  particles are randomly particles are widely
a regular (crystalline) array arranged and free to move separated and move
about until they bump into independently of one
one another another

Solid iron

A liquid is different from a solid in that it has no fixed shape. It takes the shape
of the filled portion of its container, and it can be poured. Although they touch, the
particles in a liquid are not arranged in ordered structures like those in a solid; they
are free to move past one another. A liquid can be compressed slightly because its
particles have a little free space between them. Note the differences between the
liquid and solid states of iron shown in Figure 1.14.

A gas has no fixed shape; it adopts the shape of its container, expanding to fill
the available space completely. A gas is easily compressed. When squeezed, gases
can undergo large changes in volume. The particles of a gas are widely separated
with much empty space between them. When a gas is compressed, the amount of
space between the particles is reduced. This happens when pressure is applied,
such as when a bicycle tire is filled with air, as shown in Figure 1.15. Another
characteristic of gases is that they move through space quickly. When Bill and Anna
smelled the pizza they had for lunch, they were detecting particles that migrated as
gases from the source of the food to their noses. When gases cool sufficiently, they
become liquids or even solids. This occurs, for example, when water vapor in the air
liquefies on the surface of a cold glass. Note the differences between the liquid and
gaseous states of water shown in Figure 1.16.

13

FIGURE 1.14 The liquid and solid states
of iron.
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Water vapor in
humid air

Low pressure

Normal air

High pressure Condensed water
Compressed air on glass
FIGURE 1.15 At the same temperature, a gas under high pressure has FIGURE 1.16 Water condenses from a gas to a liquid on a cold
particles closer together than at low pressure. Notice that the composition surface. Air molecules (e.g., oxygen and nitrogen) are not
(1 O,:4 N,) does not change with an increase in pressure. shown.

Itis often convenient to show the physical state of a substance when representing
it symbolically. For example, solid, liquid, and gaseous water can be represented as
H,O(s), H,O(/), and H,0O(g), respectively. The symbol (aq) represents an aqueous
solution, a solution in which a substance is dissolved in water. A salt and water
solution, for instance, can be written as NaCl(aq). These symbols for physical state
are listed in Table 1.3.

TABLE 1.3 | Symbols for Physical State

Physical State Symbol Example (bromine)
solid (s) Bry(s)

liquid () Br,(/)

gas (€9) Bry(g)
aqueous (dissolved in water) (aq) Br,(aq)

I 1.2 | PHYSICAL AND CHEMICAL CHANGES

AND PROPERTIES OF MATTER

Bill and Anna observed some of the properties of matter, including changes in
matter. Their observations could be either qualitative, based on some quality of the
matter; or quantitative, based on a numerical value. When making qualitative obser-
vations, they described color, shape, texture, shininess, and physical state. Quantita-
tive observations are different. They are numbers or measurements, and they must
be carefully made and carefully reported.
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Since quantitative data used to describe matter can involve both very large
and very small numbers, it is often useful to express such numbers in scientific or
exponential notation. Math Toolbox 1.1 (located at the end of this chapter) provides
a review of this notation. In addition, it is necessary to express numbers in such a
way as to indicate how accurately the value is known and how precisely it has been
measured. The use of significant figures to properly express numerical values is
presented in Math Toolbox 1.2.

Physical Properties

When reporting qualitative data, we can classify properties as either physical or
chemical. When Bill and Anna observed the color, shape, texture, shininess, and
physical state of things around them, they were noting their physical properties.
A physical property is a characteristic that we can observe or measure without
changing the composition of a substance. Other examples of physical properties
are odor, taste, hardness, mass, volume, density, magnetism, conductivity, and the
temperatures at which a substance changes from one physical state to another. Let’s
take a close look at mass, volume, density, and temperature. These four properties
are quantitative; they involve numerical values.

Mass Recall that mass is a measure of the quantity of matter. We usually
measure the mass of an object by weighing it on a balance. In chemistry, masses
are often reported in units of grams (g). Large masses, like people or elephants,
may be reported in units of kilograms (kg); and small masses, such as salt crystals
or impurities in water, may be reported in units of milligrams (mg) or micrograms
(ug), as shown in Figure 1.17. (Math Toolbox 1.3 summarizes the relationships
among units such as these.) Sometimes the mass of something is reported in
grams, but we might want to know the mass in another mass unit such as mil-
ligrams or kilograms. We can easily convert a measurement from one unit to
another if we know the relationship between the units. Tables 1.4 and 1.5 summa-
rize common relationships between metric and English units. Example 1.5 shows
how to convert between mass units. (See Math Toolbox 1.3 for more information
on unit conversions.)

Mass: 50 mg, 0.05 g, or 5 x 10~ kg Mass: 7 x 10’ mg, 7 x 10* g, or 70 kg

FIGURE 1.17 A salt crystal has a mass of about 50 mg, while a person has a mass of about 70 kg.

MATH
TOOLBOX

1.1
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1.2

MATH
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1.3

TABLE 1.4 | Metric

Conversions

15

Prefix Factor Symbol
giga 10° G
mega 108 M
kilo 10° k
deci 107! d
centi 1072 c
milli 1073 m
micro 10°° u
nano 107 n
pico 10712 P

TABLE 1.5 | Some
English-Metric Conversions

English Unit Metric Unit

11b=16o0z
1 in
1yd
1 mi
1 fluid oz
1 qt
1 gal
1ft

453.6 ¢

2.54 cm
(exactly)

0.9144 m
1.609 km
29.57 mL
0.9464 L
3.785L
28.32L
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Anna and Bill notice that there are 50.0 mg of sodium in the soda they bought to
go with their lunch. How many grams of sodium are present in the can of soda?
How many pounds?

Solution:

One way to solve this problem uses the dimensional-analysis approach. Consult
Math Toolbox 1.3 for details. The general approach to solving the first part of the
problem can be summarized by the following diagram:

9
Mass in ) .
o ﬁ Mass in grams
milligrams

The mass in milligrams has to be converted to the mass in grams. We need to find a
relationship between these two quantities: 10 g=1mgor 1 g=1000 mg (obtained
from Table 1.4). Using this relationship, we get the following conversion:

Mass in 1000mg=1¢g g
o ﬁ Mass in grams
milligrams

We use the equivalence to set up possible conversion ratios:

lg 1000 mg
—— and —/———
1000 mg lg

To convert milligrams to grams, we can multiply 50.0 mg by the ratio (conversion
factor) that will allow like units to cancel:

000

Note that the milligram units cancel to leave the appropriate unit of grams. Also
notice that the answer is reported to three significant figures because the mea-
sured quantity (50.0 mg) is reported to three significant figures and the other
numbers in the calculation (1 g and 1000 mg) are exact quantities. (Consult Math
Toolbox 1.2 for details about significant figures.) For convenience, we could
report the answer in scientific notation: 5.00 x 1072, (See Math Toolbox 1.1 for a
discussion of scientific notation.)
The second part of the question asks you to convert milligrams to pounds:

9
Mass in ) i Weight in
milligrams pounds

There isn’t a direct relationship between milligrams and pounds listed in
Tables 1.4 and 1.5. However, Table 1.5 lists a relationship between pounds and
grams: 1 1b =453.6 g. We can convert the grams we found in the first part of this
example to pounds using the relationship summarized in the following diagram:

——
Mass in grams —-
pounds

The ratios for converting between grams and pounds are

11b 453.6 ¢
4536g b

Mass in mg= 50.0 mg X _ls = 0.0500 g
1000 mg
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To convert grams to pounds, we can multiply 0.0500 g by the ratio (conversion
factor) that will allow like units to cancel:

11b
453.6. g

Does this answer make sense? Yes, it does. There are a lot of grams (453.6)
in a pound, so we would expect the answer to be very small. Would the answer
22.7 1b make sense? No.

Without a single conversion from milligrams to pounds, the problem we just
solved involves multiple steps:

Mass in RULR kY . 453.6g=11b Weight in
o # Mass in grams ﬁ
milligrams pounds

The sequence of steps can be summarized as:

Weight in pounds = 0.0500 g’ =1.10x10"1b

L& X o =1.10x 10" 1b

Weight in pounds = 50.0 mg X
CIgnt In pounds = 00 X000 g« 453.6 &

Practice Problem 1.5

Anna and Bill see an aluminum recycling truck pass by on their way to class. If
there are 765 1b of aluminum in the truck how many grams are there? How many
kilograms?

Further Practice: Questions 1.65 and 1.66 at the end of the chapter

Volume Volume is the amount of space a substance occupies. We can determine
the volume of a cube by measuring its length, width, and height and then multiply-
ing them. For example, the volume of a cube that is 2.0 centimeters (cm) on each
side is 8.0 cubic centimeters (cm?):

Volume of a cube = length x width X height
Volume = 2.0 cm X 2.0 cm X 2.0 cm = 8.0 cm’®

The volumes of liquids are usually measured in units of liters (L) or milliliters
(mL), as shown in Figure 1.18. One cubic centimeter is equal to 1 mL, so the
volume of 8.0 cm® could also be reported as 8.0 mL. Larger volumes, such as
big bottles of soda, are usually reported in liters. A 1-L bottle of soda contains
1000 mL. Example 1.6 shows how to convert between volume units.

17

If you need to determine the volume
of a sphere, the relationship between

volume and radius is V = % e,

3

FIGURE 1.18 Some 250-mL, 500-mL,
and 1-L containers.
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For lunch, Anna and Bill had 12-ounce (0z) cans of soda. What is the volume of a
12.0-0z can of soda in units of milliliters? What is its volume in units of liters?

Solution:

To solve this problem using the dimensional-analysis approach (see Math Toolbox
1.3), we determine if there is a relationship between fluid ounces and milliliters:

9
Volume in ) i Volume in
ounces milliliters

To convert fluid ounces to milliliters we use the following relationship from
Table 1.5: 1 0z =29.57 mL.

Volume in oA e ) Volume in
ounces milliliters

We use the equivalence to set up possible conversion ratios:

29.57 mL 1oz
— and ———
1oz 29.57 mL

To convert ounces to milliliters, we can multiply 12.0 oz by the ratio (conversion
factor) that will allow like units to cancel:

Volume in milliliters = 12.0 o7 % L 355mL

197
The answer is reported to three significant figures, because the quantity we’re given
(12.0 oz) has three significant figures. Consult Math Toolbox 1.2 for details.
The second part of this problem asks you to convert milliliters to liters:

9
Volume in ) ) Volume in
milliliters liters

To convert volume in milliliters to volume in liters, we use the following relation-
ship from Table 1.4: 1 mL = 10°L or 1000 mL =1 L.

Volume in e i Volume in
milliliters liters

This is a unit conversion similar to the conversion we just did for mass. The ratios
for converting between milliliters and liters are

1L 1000 mL
e and s
1000 mL 1L

To convert from milliliters to liters, we can multiply 355 mL by the conversion
factor that allows like units to cancel:

1L
1000 mE

Without a single conversion from ounces to liters, the problem we just solved
involves multiple steps:

Volume in L = 355 mE x =0.355L
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10z=29.57mL 1000mL =1L

Volume in Volume in

Volume in

milliliters liters

ounces

The sequence of steps can be summarized as:
29.57 mkE y 1L
1oz 1000 mEt

Volume in liters = 12.0 oz'X =0.355L

Practice Problem 1.6

Anna and Bill saw some balloons outside the bookstore. The volume of gas inside
one of the helium balloons was 4.60 L. What is the volume of gas in units of mil-
liliters? In units of cubic centimeters? In units of gallons (4 qt = 1 gal)?

Further Practice: Questions 1.69 and 1.70 at the end of the chapter

Density The density of an object is the ratio of its mass to its volume. While
mass and volume both depend on the size of the object or sample, density does not.
Density is an unvarying property of a substance no matter how much of it is present,
as long as temperature and pressure are constant. The densities of a few substances
are listed in Table 1.6.

As Anna and Bill noted when they observed the fountain, a copper coin sinks in
water. It sinks because copper (and the other metals in a penny) have a greater density
than water. Conversely, air bubbles, just like other gases, rise to the top of water
because gases are less dense than liquids. Oil floats on water for this same reason.

The density column in Figure 1.19 shows a variety of liquids with different
densities. Which liquid has the greatest density? Which is the least dense?

If we compare equal volumes of two different substances, such as aluminum and
gold, as shown in Figure 1.20, the substance with the greater mass has the greater
density. How, though, can we compare densities if we do not have equal volumes?
The mathematical relationship of mass, volume, and density reveals the answer:

Density = —>
volume

For example, a 1.0-cm® sample of copper has a mass of 8.9 g. An 8.0-cm® sample of
copper has a mass of 71 g. A 27-cm® sample of copper has a mass of 240 g. In all
these samples (Figure 1.21), the mass of copper divided by its volume is 8.9 g/cm®.
This is the density of copper. If we know the mass and volume of an object, we can
determine its density by substituting directly into the density equation.

TABLE 1.6 | Densities of Some Common Substances

Substance Physical State Density (g/mL)*
helium gas 0.000178
oxygen gas 0.00143
cooking oil liquid 0.92

water liquid 1.00

mercury liquid 13.6

gold solid 19.3

copper solid 8.92

zinc solid 7.14

ice solid 0.92

*At room temperature and at normal atmospheric pressure, except gases at 0 degrees Celsius (°C) and water at 4°C.

FIGURE 1.19 The densities of
antifreeze, corn oil, dish detergent,
maple syrup, shampoo, and water in
g/mL are 1.13, 0.93, 1.03, 1.32, 1.01,
and 1.00, respectively, Which layer is
which substance?

Au‘ Al .

FIGURE 1.20 Gold (Au) has a
greater density than aluminum (Al)
because gold has a greater mass per
unit volume.

89g Tlg
L.0em? 8.0cm?
FIGURE 1.21 The density of copper
is 8.9 g/cm?. All three samples have
the same ratio of mass to volume.

240 g
27.0 cm®
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@ ANIMATION: Density of Liquids and
Solids

These samples of metals have the
same mass. Which has the greater
density?

MATH
TOOLBOX

1.3

A can of diet cola floats in water,
but a can of regular cola sinks.
Suggest a reason why. How can
you use this information to quickly
select your preferred type of soft
drink from a cooler filled with ice
water at a party?

Additionally, if we know the density of a substance and its mass in our sample,
we can determine its volume. For example, suppose we want to know the volume
occupied by 100 g of copper. Should the volume be greater than or less than 100
cm’? There are many approaches to this problem. One way is to rearrange the
density equation to solve for volume. Another way is to solve for the unknown
volume in a set of equivalent ratios because density is a ratio of mass and volume
that is constant for a given substance at a particular temperature. Both of these
methods are shown in Example 1.7.

, Volume, and Mass
What is the volume of 100.0 g of copper? The density of copper is 8.9 g/cm®.
Solution:

We need to carry out the following conversion:

o
Mass in grams —) Volume in
£ milliliters

The relationship between mass and volume is given by density:

mass
volume

Mass in grams ﬁ Volume in
£ milliliters

Density =

First, we rearrange the density equation to get volume on one side by itself. This
manipulation involves cross multiplication, which is described in Math Toolbox 1.3
(Ratio Approach). In the expression for density there is an implied 1:

. mass
Density =
volume
Density ~ mass
1 volume

Cross multiplying this density expression, we get:
Density X volume = mass X 1

Since we are trying to find the volume, we want to isolate it on one side of the
equation. We can do this by dividing both sides by the density. (We’ll also drop
the “x 1” because any quantity times 1 is that quantity.)

Densify X volume _ mass
Density density

Now we have an expression that solves for the volume:

mass
Volume= ——
density

Then, we substitute the known values of mass and density into the equation and
solve for the value of volume:

Volume = M =11cm

8.9 g/em®

3
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In a second approach to this problem, consider that since the density of cop-
per is always the same, the ratio of mass to volume is the same for both what we
know and what we don’t:

89g 1000g

CITl3 X Cl’Il3

[un—

Cross multiply to solve for x:
5 (1em®)x(100.0 )
89 g

In both approaches, the gram units cancel to give the expected volume unit of cm®.
There is yet another approach to solving this problem that involves using
density as a conversion factor:

=11 cm?

X cm

3
Volume = 100.0 g" x  lom? =11 cm3

8.9¢

Does the answer make sense? Yes. The density tells us that 8.9 g of copper occupy
a volume of 1 cm®. The mass given, 100.0 g, is over 10 times greater than 8.9 so
we would expect it to occupy a volume that is over 10 times greater than 1 cm®.

Practice Problem 1.7
Solve the following problems.

(a) The density of pure gold is 19.3 g/cm®. What is the volume of 1.00 g of pure
gold?

(b) 14-Carat gold is a homogeneous mixture of metals containing 58% gold
by mass. The other 42% is a mixture of silver and copper. Silver and copper
are both less dense than gold. Which of the following could be the mass of
1.00 cm® of 14-carat gold: 16.0 g, 19.3 g, or 23.0 g?

Further Practice: Questions 1.75 and 1.76 at the end of the chapter

Why do substances have different densities? Gases, in general, have very low
densities because gas particles spread out and occupy large volumes. Metals tend to
have high densities because their atoms pack together efficiently. Because ice floats
on water, we can infer that water in its solid form must have a lesser density than
water in its liquid form. Example 1.8 shows how to use molecular pictures to predict
relative densities.

EXAMPLE 1.8 ations for Density

How do the molecular diagrams of ice and water help explain why ice is less
dense than water?

Liquid water

Water is unique among liquids
because its solid form (ice) floats on
its liquid form. This results from the
relatively open structure adopted by
water molecules in the solid state.
What would happen to fish during
the winter if ice were like other
solids that sink in their liquid form?

&Y ANIMATION: Unique Properties of
Water
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Temperatures are written differ-
ently for the different scales. While
Celsius and Fahrenheit use the
superscript ° to indicate degrees,
the kelvin scale does not. The unit
is written as K (the capital letter),
but temperatures are measured in
kelvins (lowercase).

FIGURE 1.22 The Fahrenheit, Celsius,
and kelvin temperature scales.

Solution:

In ice, the H,O molecules have more space between them than in liquid water.
The total volume occupied by a given number of molecules is greater in ice.
Because density is a ratio of mass to volume, the larger volume accounts for the
lower density.

Practice Problem 1.8

Helium balloons rise in air, which is a mixture of oxygen and nitrogen molecules,
so we know helium is less dense than air. Look at the molecular-level diagrams
of helium and carbon dioxide. Predict whether a helium balloon rises or falls in
an atmosphere of carbon dioxide.

Helium Carbon dioxide

Further Practice: Questions 1.79 and 1.80 at the end of the chapter

Temperature Bill and Anna weren’t happy with their lunches. The pizza was
cold and their sodas were warm. When we make such comparisons, we are observ-
ing relative temperatures. Temperature is a measure of how hot or cold something
is relative to some standard. We measure temperature with a thermometer.

In the United States, we often use the Fahrenheit scale to measure body tem-
perature and air temperature. Fahrenheit is rarely used in science. Two other tem-
perature scales are standard: the Celsius scale and the kelvin scale. The relationships
between the three temperature scales, Fahrenheit (°F), Celsius (°C), and kelvin (K),
are shown in Figure 1.22.

Another property of matter that is independent of sample size is the tem-
perature at which the substance changes from one physical state to another. The
boiling point is the temperature at which the liquid form of a substance changes
to the gaseous form. At the melting point, the substance changes from a solid to
a liquid. Between these two temperatures, the substance is normally in its liquid
state. For example, on the Celsius scale, the boiling point of water is 100°C. Water

Vs ) ®
Liquid water boils/ — — — = o — — L 12 335K
water vapor condenses i IE IE|
= | 77°F 12| 25°C =] 298.15K
Room temperature ———|= - ———-——————-———— e I R
Ice melts/ — — — i —32 f ——————————— IE] _O_C_ ___________ I} 27_3;1§ K_
liquid water freezes

Fahrenheit Celsius Kelvin

Lowest possible temperature: ~ —460°F —273.15°C 0K
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melts (or freezes, depending on its original state) at 0°C. On the kelvin scale, these
values are 373.15 K and 273.15 K, respectively. On the Fahrenheit scale, they are
212°F and 32°F, respectively.

There are no negative values on the kelvin scale. It is an absolute temperature
scale because its zero point is the lowest possible temperature observable in the uni-
verse. This value is absolute zero, which is equivalent to —273.15°C. The tempera-
ture increments on the kelvin scale are the same as those on the Celsius scale. The
difference in temperature between the boiling point of water and the freezing point
of water is 100 in both the Celsius (100°C — 0°C) and kelvin (373.15 K-273.15 K)
scales, while the difference is 180 on the Fahrenheit scale (212°F — 32°F). Because
the temperature in kelvins is always 273.15 greater than the temperature in degrees
Celsius, we can easily convert between them:

TK = T°C + 27315

When converting between the Fahrenheit and Celsius scales, the calculation is more
complicated, because the degree increments are not equal:

ToF = 1.8(Toc) + 32

The equation can be rearranged, solving for degrees Celsius:

| Ty-32
T8
’ EXAMPLE 1.9 pf Temperature

The melting point of copper is 1083°C. Above what temperature, in kelvins and
degrees Fahrenheit, is copper a liquid?

Solution:

Copper becomes a liquid above its melting point. In units of kelvin this tempera-
ture is

TK = ToC + 27315

We substitute the value of the Celsius temperature into the expression and solve
for the temperature in kelvins:

Tk =1083 +273.15=1356 K
To convert degrees Celsius to degrees Fahrenheit we use the equation:
Top=1.8(T-c) + 32
Substituting the temperature in degrees Celsius we get:

Tor=1.8(1083) + 32 = 1981°F

Practice Problem 1.9

(a) The boiling point of acetylene is —28.1°C. Below what temperature, in kel-
vins and degrees Fahrenheit, is acetylene a liquid?

(b) The boiling point of helium is 4 K. Below what temperature, in degrees Cel-
sius, is helium a liquid?

(c) Human body temperature is normally 98.6°F. What is this temperature on the
Celsius and kelvin scales?

Further Practice: Questions 1.83 and 1.84 at the end of the chapter

23
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Physical Changes

A process that changes the physical properties of a substance without changing its
chemical composition is a physical change. For example, we can change liquid
water to water vapor by heating it. This change from a liquid to a gas, called boiling
or vaporization, is a physical change, since both forms involve the same chemical
substance, water (H,0).

To represent such changes, we can refine the symbolic representations we
developed for elements and for compounds. We write the chemical formula for the
initial condition and composition of the matter we are considering, then an arrow,
and finally the chemical formula for the final condition and composition. The arrow
is used to show that a change has occurred and in which direction. Using this sym-
bolism, the change of water from a liquid to a gas would be represented as

H,0(l) — H,0(g)

The molecular and symbolic representations in Figure 1.23 show that the water mol-
ecules do not themselves change, but their physical state does. All the processes that
change water from one physical state into another are summarized in Figure 1.24.

Another example of a physical change is the separation of different substances
in a mixture. For example, a magnet divides magnetic materials from nonmagnetic
materials without changing their identities. A filter separates solid materials from
liquid substances without changing either one chemically.

H0) ——> H;0(9)

FIGURE 1.23 Molecular-level and symbolic representations of the evaporation of water.

—=

Gas .
Vaporization
Sublimation Condensation
Deposition
O e A~ 9

> e
Melting ”
_—

Freezing

Solid Liquid

FIGURE 1.24 The physical states of solid, liquid, and gas can all change into one another either
directly or by going through two changes of state. The names of these processes are shown here
next to arrows that designate the direction of the change.
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Chemical Changes

Remember the pennies in the fountain that Anna and Bill observed? Some were
shiny and others looked dingy and brown. They might describe these less-shiny
pennies as “tarnished.” The pennies have undergone a chemical change, a process
in which one or more substances are converted into one or more new substances.
When pennies tarnish, some of the copper and zinc metal atoms in them combine
with oxygen, forming compounds called metal oxides. The compounds are chemi-
cally different from either of the elements that formed them.

Suppose we clean a tarnished penny. Is the process a physical or a chemical
change? It can be either. If you simply rub off the metal oxide coating with an eraser,
the change is physical. Most penny collectors, however, prefer a chemical change
that removes less metal. Rubbing ketchup on a penny is a great way to make it shiny.
The vinegar in the ketchup reacts chemically with the metal oxides, freeing them
from the surface of the penny. When the penny is rinsed, the result of the chemical
change is easy to see.

Anna and Bill observed other examples of chemical change during their
campus walk. When gasoline-powered cars burn fuel, a chemical change occurs.
The gasoline reacts with oxygen to form carbon dioxide and water vapor. This
chemical change releases the energy that runs the car. Chemical changes that
involve burning are often accompanied by the release of energy. Anna and Bill
also observed vehicles that run on alternative fuels. In hydrogen-powered vehicles,
the hydrogen fuel combines with oxygen to form water vapor—and to release a
lot of energy. The molecular-level and symbolic representations for this chemical
change are shown in Figure 1.25. A chemical change is often called a chemical
reaction. What are some examples of chemical reactions that you can observe
around you?

Chemical Properties

The copper and zinc in a penny, the gasoline in a car, and the hydrogen in an
alternative-fuel vehicle all share a common chemical property: They react with
oxygen. However, they differ in how they react and what products they form.
Only the latter two release sufficient energy rapidly enough to make their use as
fuels possible.

A chemical property of a substance is defined by what it is composed of and
what chemical changes it can undergo. For example, let’s compare hydrogen and
helium. Although they have similar physical properties (colorless gases, similar
densities), their chemical properties are very different. While hydrogen reacts
with many other elements and compounds, helium is considered inert (Figure
1.26). It has not yet been shown to react with any other element or compound.

H,0

W4

2Hy(g) + Ox(e) —> 2H,0(9)

FIGURE 1.25 A chemical change occurs when the atoms in H, and O, rearrange to form H,O.

Many metals combine with oxygen
to form a metal oxide compound at
the surface of the metal. When this
occurs with iron, we call it rust.

25
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FIGURE 1.26 The Hindenburg was a giant, rigid balloon filled with hydrogen gas. In 1937, it
was destroyed when its hydrogen caught fire. Today, blimps are filled with helium, an inert gas
that will not explode.

cal and Chemical Changes

Which of the following are physical changes and which are chemical changes?

(a) evaporation

(b) burning methane gas to form carbon dioxide and water
(c) using a magnet to separate metal and plastic paperclips
(d) rusting (the conversion of iron to iron oxide)

Solution:

(a) Evaporation is a physical change because it involves only a change of state.
(b) Burning methane gas is a chemical change because new substances form.
(c) Separating components of a mixture is a physical change.

(d) Rusting is a chemical change because a new substance forms.

Practice Problem 1.10

Which of the following are physical properties and which are chemical
properties?

(a) boiling point of ethanol

(b) ability of propane to burn

(c) tendency for silver to tarnish

(d) density of aluminum

Further Practice: Questions 1.89 and 1.90 at the end of the chapter

Sometimes simple observation cannot tell us whether a change is chemical or
physical. For example, bubbles appear when baking soda and vinegar mix. Bubbles
also appear when water boils, but the change that produces the bubbles is different
in these two cases. Baking soda and vinegar release bubbles because a chemical
change takes place. They react to form carbon dioxide gas. However, when we warm
water in a pan on the stove, small bubbles rise due to the release of dissolved air
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Air dissolved
A in water B

Water vapor

Pure water

FIGURE 1.27 Water contains small amounts of dissolved nitrogen and oxygen gases. (A) When heated, these molecules go to the gaseous
state in bubbles that rise to the surface. (B) When the water begins to boil, it no longer contains dissolved gases, and the bubbles contain

gaseous water.

(mostly oxygen and nitrogen gas) from the water (before the water starts to boil).
This process is only a physical change. If we could look at the nitrogen and oxygen
molecules, as shown in Figure 1.27A, we would see that they are the same whether
they are dissolved in water or not. When these molecules are dissolved in water, they
form a homogeneous mixture with it. Heating the water merely separates the oxygen
and nitrogen molecules from the water molecules. If we continue to heat the water
to boiling, larger bubbles form and then rise from the bottom, as shown in Figure
1.27B. These bubbles are gaseous water, or water vapor. The result of the physical
change can be represented symbolically as

H,0()) — H,0(g)

al and Chemical Changes

Do the following molecular-level images represent a chemical change or a physi-
cal change?

H,0,

CO,
Before After

Solution:

The substances after the change have a different composition than the substances
before the change. Therefore, this is a chemical change.

Water molecules surround solute
particles in aqueous solutions. For
clarity in seeing the particles, this
book shows water molecules faded
in the background as in Figure
1.27A.
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FIGURE 1.28 In the reaction shown
here, a balloon was filled with
appropriate amounts of hydrogen
and oxygen gas. When a lit candle
touched the balloon, the hydrogen
and oxygen reacted explosively to
form water vapor.

Practice Problem 1.11

Do the following molecular-level images represent a chemical change or a
physical change?

Before After

Further Practice: Questions 1.93 and 1.94 at the end of the chapter

1.3 | ENERGY AND ENERGY CHANGES

Physical and chemical changes involve energy. Energy is hard to define, but we
see and feel evidence of it when something moves or changes temperature. At the
construction site, Anna and Bill saw a worker pushing a wheelbarrow up a ramp. If
released at the top of the ramp, the wheelbarrow would roll back down, converting
energy from one form to another in the process. This release of energy is related
to the spontaneous process of rolling down the ramp. (A spontaneous process is
one that doesn’t have to be forced to occur after it gets started.) But returning the
wheelbarrow to the top of the ramp is not spontaneous. It requires a continuous
energy input. Similarly, chemical and physical changes are usually accompanied by
energy changes. Some chemical reactions are spontaneous. They happen on their
own. Others need a continuous energy input from an external source. Consider the
reaction (Figure 1.28) of hydrogen and oxygen gases to form water vapor:

2H,(g) + O,(g) — 2H,0(g)

This reaction is spontaneous and explosive. It releases a tremendous amount of
energy. But the opposite reaction—the breakdown of water into hydrogen and
oxygen gases—is not spontaneous. It occurs only if sufficient energy is continu-
ously added, such as by passing electricity through liquid water. This process,
called electrolysis, was shown in Figure 1.2, and can be described symbolically as
follows:

ZHZO(Z) electrolysis 2H2(g) + Oz(g)

But what is energy? Energy is the capacity to do work or to transfer heat. Work,
usually taken to mean mechanical work, occurs when a force acts over a distance.
For example, work is done when the construction worker pushes the wheelbarrow
up a ramp. Work is done when compressed gases, resulting from the combustion
of a fuel, push the piston in the cylinder of an automobile engine. Not all reactions
can be made to do work directly, but heat energy can be harnessed to do work. For
example, boiling water produces steam, which turns the turbines in power plants.
The turbines spin copper coils inside a magnetic field in a generator to produce an
electric current.

Energy takes many different forms, and it can be converted from one form
to another. Scientists describe two types of energy: kinetic energy and potential
energy. Kinetic energy is the energy of motion. The wheelbarrow rolling down a
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ramp possesses kinetic energy. Potential energy is energy possessed by an object
because of its position. The wheelbarrow resting at the top of the ramp has potential
energy. If it did not contain this stored energy, it could not release energy when it
rolled down the ramp. Any object in a position to be rolled, dropped, or otherwise
allowed to move spontaneously has potential energy that will be converted to kinetic
energy once the motion starts.

To distinguish kinetic from potential energy, consider the volleyball game Anna
and Bill watched while they ate lunch. After they ate, Anna and Bill joined the game.
When Anna served the ball, kinetic energy was transferred from her hand to the vol-
leyball (Figure 1.29). As it ascended, the ball transferred some of its kinetic energy
to the surrounding air molecules, but most of its kinetic energy was converted to
potential energy. Nearly all of the kinetic energy was converted to potential energy
when the ball reached the top of its ascent. As the volleyball descended, its potential
energy was converted to kinetic energy. Most of its kinetic energy was transferred to
the ground when Bill missed the ball. The ball’s remaining kinetic energy allowed it
to bounce back up, where again its kinetic energy was converted to potential energy
during its ascent.

Other forms of energy—chemical, mechanical, electric, and heat energy, for
example—are really just forms of kinetic or potential energy. For example, chemi-
cal compounds can release chemical energy, the energy associated with a chemical
reaction. Chemical energy is potential energy arising from the positions of the
atoms and molecules in the compounds. A compound releases its potential energy
when it undergoes a spontaneous chemical reaction that forms substances with less
potential energy. For example, the explosive material TNT (trinitrotoluene) contains
considerable potential energy that is released as kinetic energy when it decomposes.
Chemical compounds can also have kinetic energy. Molecules move faster as the
temperature rises. The motion of molecules or atoms is associated with heat energy,
or the kinetic energy that increases with increasing temperature. The fast-moving
gases produced by the explosion of TNT have high kinetic energy.

Kinetic energy of the ball is almost
all converted to potential energy.

GLLEY

Kinetic energy is converted [
to potential energy as the W
ball ascends.

Potential energy is converted
to kinetic energy as the
ball descends.

T
aﬂ‘ \
v e 2 .é“
Some of the kinetic energy

>
of the ball is transferred to
the ground.
Kinetic energy is transferred

from the server’s hand to 7
the volleyball. &\
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FIGURE 1.29 Kinetic energy is transferred from the server to the volleyball when it is served.
As the volleyball rises in the air, its kinetic energy is converted to potential energy. When it
descends, potential energy is converted to kinetic energy.

29



30 Chapter 1 Matter and Energy

We will use the lengths of trails
behind atoms or molecules to depict
their relative speeds.

ar Motion and Kinetic Energy

Which of these two samples of argon gas has more kinetic energy?

Solution:

The atoms that are moving faster have the greater kinetic energy. Thus, the atoms
in A have the greater kinetic energy.

Practice Problem 1.12
Which of the two samples of argon gas is at a lower temperature?

Further Practice: Questions 1.101 and 1.102 at the end of the chapter

Electric energy is associated with the passage of electricity, generally through
metals. Electric current passed through the filament of a lightbulb causes the metal to
glow red and increases the motion of the atoms. This is a conversion of electric energy
to kinetic energy. A lightbulb also gives off light energy. Nuclear energy involves both
light and heat. Energy is released when one element is converted to another, as in a
nuclear reactor or in the Sun, where hydrogen atoms fuse to form helium.

Solution:

Anything that might move in the picture has potential energy. Kinetic energy is
evident in the moving people and vehicles.

Practice Problem 1.13
Identify three additional forms of energy in the photograph.

Further Practice: Questions 1.105 and 1.106 at the end of the chapter



All these forms of energy can be converted into one another. For example, the
welder at the construction site starts a gasoline engine that runs a generator that
makes the electricity the welder uses to join two pieces of metal together. The
chemical energy in the gasoline is converted to mechanical energy that turns the
generator. The mechanical energy is converted to electric energy by the generator.
The electric energy is converted to heat in an arc that is formed between the welding
rod and the metal to be welded. This heat melts the metal and creates the weld. Some
of the electric energy is also converted to light. What energy conversions can you
observe going on around you right now?

1.4 | SCIENTIFIC INQUIRY

We began this chapter by describing some of the things that Anna and Bill saw
around their campus. To classify the items, they observed similarities and differences
in properties. They were making observations to help them understand nature.

Observation is one of the tools of scientific inquiry, but it is not the only one. The
scientific method is an approach to asking questions and seeking answers that employs
a variety of tools, techniques, and strategies. Although the scientific method is often
explained as a series of steps and procedures, it is more accurately described as a way
of looking at the world that differs from nonscience forms of inquiry. Scientists, like
all humans, use intuition. They generalize about the world, sometimes with insufficient
data. Chemists, especially, make inferences about atoms and molecules from data
obtained from instruments that aren’t quite capable of showing these tiny particles.

Scientists differ from professionals in nonscience disciplines in at least three
important ways: (1) They test ideas by experimentation, (2) they organize their find-
ings in particular (often mathematical) ways, (3) and they try to explain why things
happen. Scientists use what is already known or believed about particular phenomena
to gain insight into new observations from their experiments. Careful reasoning and
insightful analogy are often employed, but sometimes intuition and luck play a part.
Good scientists have an ability to couple objective scientific thinking with creative
problem solving. In addition, a scientist must be curious enough to pursue the study
of a seemingly trivial observation that can sometimes—albeit rarely—lead to a major
advance in understanding.

Practicing scientists employ a variety of approaches to generate new knowledge
or solve problems. Scientific inquiry generally includes observations, hypotheses,
laws, and theories.

Observations

Scientific inquiry begins with ideas, knowledge, and curiosity in the minds of
scientists. To look for answers to their questions, scientists collect data. Data may
derive from the observation of a naturally occurring event or from deliberate experi-
mentation. When experimenting, scientists set conditions, allow events to occur,
and observe the result. This procedure permits scientists to examine events under
controlled conditions not found in nature. In addition, scientists repeat one another’s
experiments and compare observations, thus checking the accuracy of their findings.
A common experimental design involves the isolation of one factor at a time to
determine which of many variables influences the outcome. The results of experi-
ments may be qualitative (descriptive) or quantitative (numeric).

Consider this example. Suppose Anna and Bill want to experiment to find a way
to clean the dull, brown coating from the pennies they saw in the fountain. After
reading the results of previous studies, they think an acid might be a good agent
to use. They try several, always being sure to work under the same conditions of
temperature, light, ventilation, degree of tarnish, and so on. The pennies look a little

1.4 Scientific Inquiry

Common units of energy are
calories, Calories (with a capital
C), and joules. The energy input
you need per day is about 2000
Calories, 2 million calories, or 8
million joules. We will study ways
of measuring energy changes in
Chapter 6.
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FIGURE 1.30 Copper reacts
vigorously with nitric acid to form
copper nitrate in solution and gaseous
nitrogen dioxide.

FIGURE 1.31 When some pennies
were cleaned with hydrochloric acid,
one began to bubble and eventually
floated.

cleaner after being placed in acetic acid, but the dull coating remains unaffected.
With nitric acid, a reaction occurs. A blue-green liquid and a red gas form. The
tarnish disappears, but so do the pennies (Figure 1.30). Hydrochloric acid appears
to work best because the surface tarnish vanishes quickly, leaving the penny intact.
However, Anna and Bill notice that one of the pennies appears to react with the
hydrochloric acid to form bubbles. After a time, this penny begins to float (Figure
1.31). Upon closer examination of this penny, they notice that bubbles are coming
from scratches on its surface. Their descriptions of the behavior of pennies in acids
are observations made from deliberate and controlled experimentation.

Hypotheses

To organize and correlate multiple observations and sets of collected data, scientists
propose hypotheses. A hypothesis is a tentative explanation for the properties or
behavior of matter that accounts for a set of observations and can be tested. Because
hypotheses are usually starting points in the explanation of natural phenomena,
they normally lead to further experimentation. In practice, hypotheses are intuitive
guesses that may be based on small amounts of data. Often a hypothesis is modified
repeatedly in light of the results of additional experimentation. The building of sci-
entific knowledge involves a cyclic interplay between observations and the making
and testing of hypotheses (Figure 1.32).

Consider the experiments with pennies and acids. Earlier, Bill and Anna observed
that one of the pennies reacted with hydrochloric acid to form a colorless gas. That
gas formed along scratches on the penny’s surface. Their observation might lead
them to form a hypothesis: Pennies react with hydrochloric acid to form bubbles
of a gas because they have scratches that make the reaction faster. How might they
test this hypothesis? They could scratch several pennies, dropping them into hydro-
chloric acid and checking for gas bubble formation. Suppose they performed this
experiment with 10 pennies (Figure 1.33) and found that 7 of them formed bubbles

Obtain data from

Recognize
patterns or trends

Propose and test

observations or hypotheses

experiments

FIGURE 1.32 Observations and hypotheses are linked in a cyclic fashion during the
development of scientific knowledge.

1= | Propose theory

FIGURE 1.33 Some of the pennies react with hydrochloric acid at the location of the scratches,
while others do not.



at the scratches, but 3 did not. They would have to conclude that their hypothesis
was only partially correct. Why? Because some of the pennies did not form bubbles
as predicted by their hypothesis. Therefore, they might think further, asking them-
selves what other characteristics of pennies could influence the outcome.

While all pennies appear the same, close observation reveals detectable differ-
ences. For example, mints located in different cities produce pennies. The first letter
of the city name appears just below the year in which the penny was minted (Figure
1.34). A D is stamped on pennies minted in Denver; S is used for San Francisco; and
pennies minted in Philadelphia have no identifying mark. Given this new informa-
tion, Anna and Bill might state a new hypothesis: Pennies react with hydrochloric
acid to form bubbles if they are scratched and if they come from a specific mint—
perhaps because that mint formulates its pennies differently. However, examina-
tion of the pennies from the previous experiment indicates that the mint location
doesn’t matter. Some scratched pennies from all the mints react and some don’t. The
amended hypothesis is incorrect.

As Bill and Anna set out to amend their hypothesis again, they realize they must
isolate and assess one variable at a time. If they try to test too many ideas at once,
they’d end up in a muddle of effects with several possible causes. So, while it’s clear
that scratches are necessary for bubbling to occur, some other variable or variables
must be involved. As a next step, Anna and Bill reexamine the pennies from their
previous experiment. They find that all the reactive pennies were minted in 1984 or
more recently, while all the nonreactive pennies were minted in 1982 or before. This
observation leads them to another amended hypothesis: Scratched pennies minted in
1982 or before do not react with hydrochloric acid to form bubbles, while scratched
pennies minted since 1984 do—perhaps because the metal used to make the pennies
was changed between 1982 and 1984.

How could they test their modified hypothesis? First, they must make sure that
all old and new pennies respond in the same way as their original 10. They must then
rule out any effects of chance by testing dozens, maybe even hundreds, of pennies.
Assuming they get the results their hypothesis predicted, they may go on to cut some
pennies open, perhaps verifying with direct observation that the insides of new and
old pennies contain different materials.

Such findings would allow them to predict the behavior of pennies in hydro-
chloric acid, but they would not have a complete explanation for the chemical
behavior. They would need to carry the process of scientific inquiry even further.

Laws

When the behavior of matter is so consistent that it appears to have universal valid-
ity, we call this behavior a law. A scientific law describes the way nature operates
under a specified set of conditions. For example, in the late eighteenth century,
observations of the amounts of materials consumed and produced in chemical reac-
tions led to the formulation of the law of conservation of mass. This law states that
the mass of products obtained from a chemical reaction equals the mass of the sub-
stances that react. Every known chemical reaction that has been studied follows this
law. For example, we could measure the mass of a penny and the mass of the nitric
acid before allowing the reaction in Figure 1.30 to proceed. Upon completion of the
reaction, we would find that the mass of the blue-green liquid plus the mass of the
red gas is equal to the masses of our starting materials.

Theories

Earlier we developed a hypothesis about the behavior of pennies in hydrochloric
acid. In the Laws section we described an example of a scientific law. Hypotheses
and laws only describe how nature works, not why. Theories explain why observa-
tions, hypotheses, or laws apply under many different circumstances. For example,
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FIGURE 1.34 Pennies are marked
with the year and city where they
were minted.

When nuclear reactions were discov-
ered—such as the fusion reactions
that power our Sun—scientists
realized that processes that release
very large amounts of energy do not
conserve mass. To accommodate this
new information, the law of conser-
vation of mass had to be modified to
become the law of conservation of
mass and energy.
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FIGURE 1.35 Zinc, but not copper,
reacts with hydrochloric acid,
producing hydrogen gas.

the atomic theory, which we will discuss in Chapter 2, explains many aspects of
the behavior of matter, including the law of conservation of mass. Theories often
employ mathematical or physical models that, if correct, explain the behavior of
matter. Like hypotheses, a theory fits known observations. If new facts become
known, theories may have to be modified or amended.

Let’s return to the behavior of pennies in hydrochloric acid. Anna and Bill need
to propose a theory that explains the behavior of all the pennies. Their Internet and
library research reveals that before 1982 all pennies were minted from a copper
alloy containing 5% zinc. After 1984 all pennies were copper-coated disks of zinc.
The newer pennies contain approximately 97.5% zinc. If Anna and Bill can find out
how pure zinc and pure copper react with hydrochloric acid, they might develop an
explanation for the chemical behavior of pennies in the presence of hydrochloric
acid. A test with pieces of copper and zinc (Figure 1.35) indicates that zinc does
indeed react with hydrochloric acid to release bubbles, while copper does not. They
now have an explanation for the behavior of pennies in hydrochloric acid that is
consistent with all the relevant observations. They can even explain why some of the
pennies float. If the zinc is completely removed by reaction with hydrochloric acid,
the copper shell that remains may fill with gas and rise to the surface of the liquid.

Scientific Inquiry in Practice

There is a perception that scientists have wild hair, dress funny, wear pocket pro-
tectors, lack social graces, and work in isolation in a laboratory. This stereotype is
often perpetuated in movies, but is it real? Do you know any scientists who fit this
description? Perhaps you do, but the stereotype is best left to the movies. Scientists
are people, and they vary as much in their appearance, personalities, and preferences
as people in any other vocation (Figure 1.36). Although many scientists do indeed
work independently in the lab, research groups who share common interests do
most scientific work collaboratively. Sometimes they make discoveries that follow
long periods of painstaking work. At other times, new insights arise rapidly through
serendipity. These are accidental, fortunate breakthroughs, such as Alexander Flem-
ing’s discovery of penicillin or Henri Becquerel’s discovery of radioactivity. Such
serendipitous events happen only occasionally, and they happen to individuals who
can recognize their importance. Both Fleming and Becquerel noticed anomalies that
less skilled observers might have overlooked. As Louis Pasteur stated, “In the fields
of observation, chance favors only the prepared mind.”

While most of scientific inquiry proceeds through hypothesis testing, this is not
the only form the scientific method takes. A new approach, especially useful in the
search for new drugs, is combinatorial chemistry. A series of related chemical com-
pounds is systematically prepared and tested for effectiveness in disease treatment.
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FIGURE 1.36 Chemists are a diverse
group of people who work in a variety
of environments.

Many different combinations are tried, using techniques involving miniaturization,
robotics, and computer control. The compounds are screened as possible candidates
for drug action. For example, if a drug is needed that binds to a particular enzyme
to produce a biological effect, then the various compounds would be added to that
enzyme to see if they do bind. If so, additional testing would be carried out.

An alternate approach involves the mixing of many chemicals, producing many
different products in one container. These are then tested, either in the mixture or
after separation. With current techniques, it is possible for one laboratory to synthe-
size and test as many as 100,000 new compounds in a month.

To avoid generating a lot of chemical waste from the synthesis of compounds
tested by combinatorial techniques or waste generated at the end of testing, scien-
tists run these experiments on a microlevel scale. The machine like the one shown in
Figure 1.37 can dispense as little as 10 to 50 uL in each sample well. An important
initiative within the chemistry community is to develop chemical processes that
prevent pollution and reduce the amount of natural resources used to manufacture
various consumer, research, and industrial products. Green chemistry and sustain-
ability are terms qften give'n to describe these efforts. . . be tested at once using equipment

One of the primary principles of green chemistry is to prevent waste. Industrial ¢\, as that shown here. Each tip
and research facilities are working diligently to develop processes that do not generate  dispenses a very small quantity of
waste that must be treated or disposed of. One way of eliminating waste is to design  chemical into a corresponding well
products that break down to harmless materials after they are used. Another principle =~ where the chemical’s action as a
of green chemistry is to design processes that do not deplete natural resources. Instead, ~ potential pharmaceutical agent can be
green-chemistry principles recommend using raw materials that are renewable—that ~ tested.
is, raw materials that come from agricultural sources or from the waste products of
other processes. Fossil fuels are the primary source of depleting raw materials.

I SUMMARY

In this chapter we showed how things can be classified as matter or energy. We also
demonstrated that matter can be classified in different ways based on its character-
istics. Matter can be classified as an element, a compound, or a mixture of one or
both. Elements can be further classified as metals or nonmetals, and mixtures can be
further classified as homogeneous mixtures (solutions) or heterogeneous mixtures.
Elements and compounds are commonly represented using element symbols and
chemical formulas. Molecules can be either elements or compounds. Models can be
constructed using spheres for atoms and combinations of spheres for molecules.
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FIGURE 1.37 Many chemicals can
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Matter can also be classified by its physical state, whether solid, liquid, or gas.
Each substance has a set of unique physical and chemical properties. Some physical
properties, such as mass, density, or boiling point, derive from measurements using
appropriate units.

A change in a substance can be classified as either physical or chemical. In a
physical change, the identity of the substance(s) remains unchanged. When a new
substance is formed, the change is chemical, and the process of change is often
called a chemical reaction.

The energy of an object is a combination of its kinetic and potential energy.
Energy can change from one form to another, and it can be transferred as heat.
Energy changes, often in the form of heat, accompany chemical reactions.

The scientific method includes a variety of methods of inquiry employed by
scientists. Observation, or the collection of data, is a necessary part of the scien-
tific method. It frequently involves the design of carefully controlled experiments.
Hypotheses are tentative explanations for the results of experiments. Laws result
when observations appear to have universal validity, and theories are explanations
for laws.

@ Math Toolbox 1.1 | Scientific Notation

Many numbers used in chemistry are either very large, such as
602,200,000,000,000,000,000,000 atoms in 12 g of carbon, or very
small, such as 0.0000000001 centimeter per picometer (cm/pm). It is
very easy to make mistakes with such numbers, so we express them
in a shorthand notation called exponential or scientific notation. The
numbers used in the examples are written as (6.022 x 10% atoms)/
(12 g C) and 1 x 107 cm/pm in scientific notation. In this form, the
numbers are easier to write, and it is easier to keep track of the posi-
tion of the decimal point when carrying out calculations.

A number in scientific notation is expressed as C x 10,
where C is the coefficient and n is the exponent. The coefficient
C is a number equal to or greater than 1 and less than 10 that is
obtained by moving the decimal point the appropriate number of
places. The exponent 7 is a positive or negative integer (whole
number) equal to the number of places the decimal point must be
moved to give C. For numbers greater than 1, the decimal point is
moved to the left and the exponent is positive:

523 = 5.23 X 102
L V)

For numbers smaller than 1, the exponent is negative, since the
decimal point must be moved to the right:

0.000523 = 5.23 X 10~
AR

EXAMPLE 1.14 Converting Between Decimal Form and
Scientific Notation

(a) Convert 453,000 to scientific notation.

(b) Convert 0.00052 to scientific notation.

(c) Write the value 4.0 x 10~ in decimal form.

(d) Write the value 8.657 x 10" in decimal form.

(e) Place the following numbers in order from smallest to larg-
est: 10°, 1,0, 107, 107°.

Solution:
(a) The number 453,000 is greater than 1, so our exponent 7 in
10" will be a positive value. To convert to scientific notation,
we move the decimal point between the 4 and 5. The decimal

point is moved five decimal places to the left, so the exponent
is 5. The value 453,000 in scientific notation is therefore
4.53 x 10°.

(b) The number 0.00052 is less than 1, so our exponent 7 in 10" will
be a negative value. To convert to scientific notation, we move
the decimal point between the 5 and 2. The decimal point is
moved four decimal places to the right, so the exponent is —4.
The value 0.00052 in scientific notation is therefore 5.2 x 107,

(c) The number 4.0 x 10~ has a negative exponent, so it is less
than 1. To convert to decimal form, we move the decimal
point to the left three places: 0.0040.

(d) The number 8.657 x 10* has a positive exponent, so it is
greater than 1. To convert to decimal form, we move the
decimal point to the right four places: 86,570.

(e) Zero is the lowest value since none of the numbers are nega-
tive in value. The values with negative exponents are between
0 and 1. The value with a positive exponent is the only value
greater than 1. The order is 0 < 10° < 10° < 1 < 10°.

Practice Problem 1.14

(a) Convert 0.0123 to scientific notation.

(b) Convert 123 to scientific notation.

(c) Write the value 2.55 x 10* in decimal form.

(d) Write the value 1 x 10~ in decimal form.

(e) Place the following numbers in order from smallest to larg-
est: 107, 0, 1, 10% -2.

Further Practice: Questions 1.3 and 1.5 at the end of the chapter

Using Your Calculator

Such operations can be carried out more easily with a scientific
calculator. Methods of use vary with different brands and models,
so users should always consult their manual for specific instruc-
tions. However, the general approach is as follows. First enter the
coefficient, including the decimal point. Then press the appropri-
ate button for entering the exponent followed by the value of the
exponent. The button is generally labeled [EE], [EXP], or [107]. If the
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Math Toolbox 1.1 (continued)

exponent has a negative value, press the change-sign button before
entering the value of the exponent. Don’t confuse this button with
the subtraction button. The change-sign button is usually labeled
or[G)]

Generally, it takes fewer key strokes to input a number in expo-
nential form using the or buttons. For a number in the
format C x 10", the sequence of calculator buttons is C nor C
n. For example, the number 3.4 x 107 is input as 3.4 5.
To test your calculator, try the mathematical operation (8 x 10°) + 2.
‘We input this as 8 6+ 2. The answer is 4 x 10°, s0 4 6 should
appear on your calculator.

Rules of Exponents

When you carry out mathematical operations with numbers written
in scientific notation, you need to know how to work on the exponen-
tial part of the number. You can usually do this with your calculator,
but you should always check whether an answer from a calculator
makes sense. To do this, verify the calculation by hand or make an
estimate in your mind. The following instructions show how to work
without a calculator. You should also perform these manipulations
with your calculator to assure yourself that you can do them all.

In several of the examples, the coefficient is understood to be
1. That s, 1.0 x 10*is the same as 10*. Since 1 multiplied or divided
by 1 still equals 1, the coefficient does not need to be written.

To multiply exponential notation numbers, multiply the coef-
ficients and add the exponents:

10*x 10" = 104*7 = 10"
10°x 10° =104+ = 1072
104 %x10° =107+ =10"=1
2x10Hx@Ex10H=2x4)x10#*Y=8x10°=8
To divide numbers written in exponential notation, divide the
coefficients and subtract the exponents:

10° _
F:lo(6 ¥ =i0°
-3
107, : = 1099 =10°
10~
8x10° 8 _
= =E><10(6 H =4><102
2% 10

To raise an exponential number to a power, raise both the coef-
ficient and the exponent to the power by multiplying:
(104)3 - 10(4><3) — 1012
(10?7 =107* = 10°
(2x10% = (2’ x 104*? =8 x 10"
To extract the root of an exponential number, take the root of both
the coefficient and the exponent:
(108)1/2 — 10(8/2) — 104
(1027)1/9 — 10(27/9) — 103
4 x 105" = 4?2 x 10#? =2 x 10*
If the exponent is not evenly divisible by the root, we rewrite the
number so the exponent is evenly divisible:

(1072 = (10 x 1092 = 102 x (10%)'2 = 3.16 x 10°

To add or subtract numbers in exponential notation, first
express both numbers with identical exponents. To do so, shift the
decimal point in one of the numbers so its exponential part is the
same as that of the other number. Then simply add or subtract the
coefficients and carry the exponential part through unchanged.
For example, suppose we want to add the following quantities:

52x10*+7.0x 10°
We first change one number so they both have the same exponents:
52. % 10°* + 7.0 x 10°
Then we can add the two coefficients:
(52.+7.0)x 10°

If necessary, we shift the decimal point to return the number to
proper scientific notation:

59.%x 10° =5.9 x 10*

EXAMPLE 1.15 Mathematical Operations with Numbers

Written in Scientific Notation
Perform the following operations without using your calculator
and report your answers in scientific notation.

(@) (2.0x107?)x (2.5 10% (c) (3.0 x 10%?
(b) (4.0x1072) =+ (2.0x 10% (d) (4.3 % 10%) +(6.90 x 10%)

Solution:

(a) To multiply numbers in scientific notation, multiply the coef-
ficients and add the exponents:
(2.0%2.5)x (102*% =5.0 x 10
(b) To divide numbers in scientific notation, divide the coef-
ficients and subtract the exponents:
(4.0 +2.0)x (10273 =2.0x 1073
(c) To raise a number in scientific notation to a power, raise
both the coefficient and the exponent to the power:
(3.0 x 10%? = (3.0)* x (10%)*
When we raise an exponent to a power, we multiply the
exponent by the power:
(3.0 x (10%*=9.0 x 108
(d) To add two numbers in scientific notation, we must first
express both numbers with identical exponents:
(4.3 x 10%) + (6.90 x 10%) = (0.43 X 10°) + (6.90 x 10°).
Then we add the coefficients:
(0.43 + 6.90) x 10* =7.33 x 10°
Now, confirm your answers with a calculator. If you don’t get the
answers shown, you’re not inputting numbers in scientific nota-
tion correctly.

Practice Problem 1.15

Perform the following operations without using your calculator
and report your answers in scientific notation.

(@) (4.0x10%%x(1.5x107%)  (c) (2.0x107?%)’
() B.0x10%+(1.0x107)  (d) (4.10x10'%—(2.0x 10%

Further Practice: Questions 1.7 and 1.8 at the end of the chapter
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@ Math Toolbox 1.2 | Significant Figures

Numbers used in chemistry can be placed into two categories. Some
numbers are exact. They are established by definition or by count-
ing. Defined numbers are exact because they are assigned specific
values: 12in=1ft, 2.54 cm =1 in, and 10 mm = 1 cm, for example.
Numbers established by counting are known exactly because they
can be counted with no errors. Since defined and counted numbers
are known precisely, there is no uncertainty in their values.

Other numbers are not exact. They are numbers obtained by
measurement or from observation. They may also include num-
bers resulting from a count if the number is very large. There is
always some uncertainty in the value of such numbers because
they depend on how closely the measuring instrument and the
experimenter can measure the values.

Precision and Accuracy

Uncertainty in numbers can be described in terms of either precision
or accuracy. The precision of a measured number is the extent of
agreement between repeated measurements of its value. Accuracy
is the difference between the value of a measured number and its
expected or correct value. If repetitive measurements give values
close to one another, the number is precise, whether or not it is accu-
rate. The number is accurate only if it is close to the true value.

We usually report the precision of a number by writing an
appropriate number of significant figures. Significant figures in a
number are all the digits of which we are absolutely certain, plus
one additional digit, which is somewhat uncertain. For example, if
we measure the height of a line on a graph calibrated with a line
every 10 cm, we might obtain a value between 10 and 20 cm, which
we estimate to be 18 cm. We are certain of the 1 in 18 c¢cm, but not
of the 8. Both of these digits are considered significant; that is, they
have meaning. Unless we have other information, we assume that
there is an uncertainty of at least one unit in the last digit.

20

With a graph calibrated more finely, in centimeters, we see
that the line height is indeed somewhat more than 18 cm. The line
appears to reach about three-tenths of the distance between the
18 cm and 19 cm marks, so we can estimate the height at 18.3 cm.
The number of significant figures is three, two of which are cer-
tain (1 and 8) and one of which is somewhat uncertain (3).

Determining the Number of Significant Figures

Every number represents a specific quantity with a particular
degree of precision that depends on the manner in which it was
determined. When we work with numbers, we must be able to
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Math Toolbox 1.2 (continued)

recognize how many significant figures they contain. We do this
by first remembering that nonzero digits are always significant, no
matter where they occur. The only problem in counting significant
figures, then, is deciding whether a zero is significant. To do so,
using the following rules:

* A zero alone in front of a decimal point is not significant; it
is used simply to make sure we do not overlook the decimal
point (0.2806, 0.002806).

e A zero to the right of the decimal point but before the first
nonzero digit is simply a place marker and is not significant
(0.002806).

* A zero between nonzero numbers is significant (2806,
0.002806).

* A zero at the end of a number and to the right of the decimal
point is significant (0.0028060, 2806.0).

* A zero at the end of a number and to the left of the decimal
point (28060) may or may not be significant. We cannot tell
by looking at the number. It may be precisely known, and
thus significant, or it may simply be a placeholder. If we
encounter such a number, we have to make our best guess of
the intended meaning.

The following table summarizes the significant figures in the
numbers we just considered. The digits that are significant are
highlighted.

Number Count of Significant Figures
0.2806 4

0.002806 4

2806 4

0.0028060 5

2806.0 5

280600 4orS5Sor6

To avoid creating an ambiguous number with zeros at its end,
we write the number in scientific notation (see Math Toolbox
1.1), so that the troublesome zero occurs to the right of the
decimal point. In this case, it is simple to show whether the zero
is significant (2.8060 x 10*) or not (2.806 x 10*). The power of
ten, 10%, is not included in the count of significant figures, since
it simply tells us the position of the decimal point.

EXAMPLE 1.16 Number of Significant Figures

Determine the number of significant figures in the following:

(a) 0.060520
(b) 5020.01

Solution:

(a) Zeros before the first nonzero digit are not significant. Zeros
at the end of a number and to the right of the decimal point
are significant. Zeros between nonzero digits are significant.
Thus, all but the first two zeros are significant, giving five
significant figures.

(b) Zeros between nonzero digits are significant, so all digits in
this number are significant. There are six significant figures
in this number.

Practice Problem 1.16
Determine the number of significant figures in the following:

(a) 14800.0
(b) 0.00076

Further Practice: Questions 1.9 and 1.10 at the end of the
chapter

Significant Figures in Calculations
We must also be concerned about the proper expression of num-
bers calculated from measured numbers. Calculators will not do
this for us, so we have to modify their output. The rules for deter-
mining the proper number of significant figures in mathematical
manipulations of measured numbers are simple. To determine the
proper number of significant figures in the answer to a calcula-
tion, we consider only measured numbers. We need not consider
numbers that are known exactly, such as those in conversions
such as 1 foot (ft) = 12 inches (in). In the following examples, we
will not use units, so that we can focus on the manipulation of the
numbers. Remember, however, that a unit must accompany every
measured number.

Multiplication and Division
In a multiplication or division problem, the product or quotient
must have the same number of significant figures as the least pre-
cise number in the problem. Consider the following example:

24x1.12=7

The first number has two significant figures, and the second has
three. Since the answer must match the number with the fewest
significant figures, it should have two:

24 x1.12=2.7 (not 2.69)

EXAMPLE 1.17 Significant Figures in Multiplication and
Division

Express the answers to the following operations with the proper
number of significant figures:
(a) 5.27x3.20

(b) (1.5 x10°% x 317.832
(c) 6.0/2.9783

(d) (2.01)°

Solution:
(a) Each number has three significant figures, so the answer

should have three:
5.27%x3.20=16.9

(b) The first number has two significant figures, while the sec-
ond has six. The answer should have two significant figures,
the same as the number with fewer significant figures:

(1.5 % 10% x 317.832 = 4.8 x 10°

(c) The numerator has two significant figures; the denominator
has five. The answer should have two significant figures:

6.0 _
29783 20
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(d) A number raised to a power is the same as multiplying that
number by itself as many times as indicated by the power,
so the answer should have the same number of significant
figures as the number:

(2.01*=2.01 x 2.01 x2.01 =8.12

Practice Problem 1.17

Express the answers to the following operations with the proper
number of significant figures:

(a) 5.01x15
(b) 0.009/3.00

(c) 3.60x4.2x10"
(d) (1.85)

Further Practice: Questions 1.11 and 1.12 at the end of the
chapter

Addition and Subtraction

A sum or difference can only be as precise as the least precise
number used in the calculation. Thus, we round off the sum or dif-
ference to the first uncertain digit. If we add 10.1 to 1.91314, for
instance, we get 12.0, not 12.01314, because there is uncertainty
in the tenths position of 10.1, and this uncertainty carries over to
the answer. In this case, it is not the number of significant figures
that is important but rather the place of the last significant digit.
Consider another example:

0.0005032 +1.0102 = ?

The first number has four significant figures and the second num-
ber has five. However, this information does not determine the
number of significant figures in the answer. If we line these num-
bers up, we can see which digits can be added to give an answer
that has significance:

0.0005032
+1.0102
1.0107032

The digits after the 5 in the first number have no corresponding
digits in the second number, so it is not possible to add them and
obtain digits that are significant in the sum. The answer is 1.0107,
which has five significant figures, dictated by the position of the
last significant digit in the number with the greatest uncertainty
(1.0102).

EXAMPLE 1.18 Significant Figures in Addition and
Subtraction

Express the answers to the following operations with the proper
number of significant figures:

(a) 24+ 1.001

(b) 24 +1.001 + 0.0003
(c) 428 -0.01

(d) 14.03-13.312

Solution:

(a) The first number has no digits after the decimal point, while
the second has three. The digits after the decimal point will
have no significance:

24 +1.001 =25

(b) Only the numbers to the left of the decimal point will have
significance in the answer:

24 +1.001 + 0.0003 = 25

(c) The second number has no digits to the left of the decimal
point, while the first number has all its significant digits to
the left of the decimal point, so the subtracted number does
not affect the answer:

428 - 0.01 =428

(d) The first number has two digits to the right of the decimal
point; the second has three. The answer should have only two
digits past the decimal:

14.03 - 13.312=0.72

Practice Problem 1.18

Express the answers to the following operations with the proper
number of significant figures:

(a) 1.003 +1.02+1.0
(b) 1.0003 -0.10
(c) 2.5020 —2.50
(d) 7.10+13.473

Further Practice: Questions 1.13 and 1.14 at the end of the
chapter

Rounding Off Numbers

When a number contains more digits than are allowed by the rules
of significant figures, we drop the digits after the last significant
figure, using the following procedure:

 If the first digit being dropped is less than 5, leave the last
significant figure unchanged. (For example, rounding to three
significant figures, 6.073 becomes 6.07, and 6073 becomes
6.07 x 10%.)

o If the first digit being dropped is greater than 5 or is 5 fol-
lowed by digits other than zero, increase the last signifi-
cant figure by one unit (rounding to three significant figures,
6.077 becomes 6.08, and 60,751 becomes 6.08 x 10%).

 If the first digit being dropped is 5 followed only by zeros
or by no other digits, then increase the last significant figure
by one unit if it is odd (6.075 becomes 6.08) but leave it
unchanged if it is even (6.085 becomes 6.08).

EXAMPLE 1.19 Rounding Numbers

Round each of the following numbers to three significant
figures:

(a) 3245
(b) 12.263
(c) 0.001035
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(d) 312,486
(e) 312,586

Solution:

(a) With four significant figures, the last digit must be dropped
to convert to three significant figures. Since the second to the
last digit is even, it remains unchanged: 3240 or 3.24 x 10°.

(b) The last two digits must be dropped. Since the first one
dropped is greater than 5, the previous digit is increased by
1:12.3.

(c) The last digit must be dropped. Since this digit is a 5 and the
previous digit is odd, the previous digit is increased by 1:
0.00104.

(d) The last three digits must be dropped. Since the first one
dropped is less than 5, the previous digit is unchanged:
312,000 or 3.12 x 10°.

@ Math Toolbox 1.3 | Units and Conversions

All experimental sciences are based on observation. To be use-
ful to the experimenter and to others, observations often must
involve making measurements. Measurement is the determina-
tion of the size of a particular quantity—the number of nails, the
mass of a brick, the length of a wall. Measurements are always
defined by both a quantity and a unit, which tells what it is we are
measuring.

But what system of units do we use? Most countries use the
metric system, while the United States still uses primarily the
English system. The English system is based on various units
that are not related to one another by a consistent factor. Com-
mon units of length, for example, are inches, feet (12 in), yards
(3 ft), and miles [1760 yards (yd)]. The metric system, on the
other hand, uses units that are always related by a factor of 10, or
by some power of 10. Units of length are centimeters (10 m),
decimeters (10 cm or 10~ m), meters, and kilometers (1000 m).
Scientists in all countries use the metric system in their work.

The metric system is convenient to use because its units
are related by powers of 10. Converting between related units is
simply a matter of shifting a decimal point. The metric system
adds a further convenience. It does not use arbitrary names like
the English system, but rather, it defines base units of measure,
and any multiple or fraction of these base units is defined by a
special prefix.

Prefix Factor Symbol Example

giga 10° G 1Gg=1,000,000,000 g
mega 10° M 1Mg = 1,000,000 g

ilo 10° kK  1ke=1000g

deci 10! d 1dg=0.1¢g

centi 1072 c lcg=001g

milli 1073 m 1 mg=0.001g

micro¥  10°° u 1 ug = 0.000001 g

nano 107 n 1 ng = 0.000000001 g
pico 1072 p 1 pg = 0.000000000001 g

*The microgram (ug) is sometimes abbreviated mcg in the health professions.

(e) The last three digits must be dropped. Since the first one
dropped is 5 followed by nonzero digits, the previous digit
must be increased by 1: 313,000 or 3.13 x 10°.

Practice Problem 1.19
Round each of the following numbers to two significant figures:

(a) 1.502
(b) 13.50
(c) 0.001056
(d) 1200.0
(e) 0.2035

Further Practice: Questions 1.15 and 1.16 at the end of the
chapter

Many science and health-related disciplines require con-
versions between different systems. Some of the relationships
listed here may be useful in converting between English and
metric units.

English Unit Metric Unit
1lb=16o0z 4536 g

1in 2.54 cm (exactly)
1yd 0.9144 m

1 mi 1.609 km

1 fluid oz 29.57 mL
1qt 0.9464 L

1 gal 3.785L
1fe 2832 L

Metric Base Units and Derived Units
In 1960 an organization of scientists met in France to determine
standards for scientific measurements. This group established the
SI units (from the French, Systéme Internationale) listed here.

Unit Symbol Quantity

meter m length

kilogram kg mass

second S time

ampere A electric current
kelvin K temperature

mole mol amount of substance
candela cd luminous intensity

All other units, called derived units, are based on these by multi-
plication or division and then applying the appropriate prefix or
combination of units. For example, if the mass of an object is mea-
sured in grams, it could be converted to the SI unit of mass, the
kilogram, by dividing the measured mass in grams by 1000 and
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adding the prefix kilo to the quantity. (We’ll discuss conversions
of units in the next section.) An example of a derived unit that
involves a combination of units is volume. The SI derived unit for
volume is cubic meters (m?), which for a box would mean mea-
suring length, width, and height in meters, and then multiplying
them together. Another derived unit, discussed in Section 1.2, is
density. Density is a ratio of mass to volume for a given substance.
What is the SI derived unit for density?

Conversion of Units

Measurements must be interpreted, often by mathematical manip-
ulation of the data. This manipulation often involves converting
one set of units into another using relationships between them.
Two approaches to such conversions are ratios and dimensional
analysis. In both cases, an analysis of the units provides clues to
the correct solution of the problem.

Consider a problem that can be solved almost automatically:
“Convert 30 min into hours.” You probably gave the answer with-
out thinking: 30 min is one-half hour (0.50 h). But how did you
know this answer? Let’s systematize the problem-solving process.
First—even if we don’t always consciously think about it—we
must decide what the problem is asking for. This problem requires
converting a number of minutes into the corresponding number of
hours. Next, we must know the number of minutes in 1 h. From
this information, write a mathematical expression that shows the
equivalence of two quantities having different units:

1 h =60 min

We can use this expression in two ways to solve this problem.
First, we will describe the ratio approach.

Ratio Approach

In this approach, we use a known relationship to compare with our
unknown relationship. We know how many minutes make up 1 h,
but we want to know how many hours there are in 30 min. From
the known relationship, we develop a ratio of equivalent quantities
that is equal to 1 and that has different units in the numerator and
denominator. To develop a ratio to convert minutes into hours, we
use the equivalent quantities and divide 1 h by 60 min.

1h
60 min

The ratio for our unknown relationship should equal the known
ratio as long as we use the same units, so we can set the unknown
ratio equal to the known ratio:

xh 1h

30 min 60 min

We can cross multiply to solve for x:
xhx 60 min=1h X 30 min
We can then solve for x by dividing both sides by 60 min:

xhx60mimr _ 1hx30min
60-mim 60 pxni

We then carry out the mathematical operations:

1 hx30 min
60 min

xh =05h

Notice that the units of minutes cancel out, leaving the units of
hours, which is the unit called for in the problem.

Dimensional Analysis

We also use the ratio of equivalent quantities in the dimensional-
analysis approach. In this approach, however, we get to the form
of the manipulated ratio more quickly. We multiply the known
quantity by the ratio, so that units cancel and we get the unknown
quantity with the desired units:

lh  30x1xmifixh
0 min 60 min

Time in h = 30 min X =05h

Notice how the starting units (minutes) cancel out, leaving
the desired units (hours) to accompany the calculated number.
In the dimensional-analysis approach, units in the numerator
and denominator of a fraction are treated exactly the same as
numbers—canceled out, multiplied, divided, squared, or whatever
the mathematical operations demand. We set up the conversions
so that desired units are introduced and beginning units cancel
out.

Now reexamine the conversion just developed. From the
same equivalence expression, 1 h = 60 min, we can derive another
ratio by dividing 60 min by 1 h:

60 min
1h

What happens when the original quantity is multiplied by this
conversion factor?

60 min _ 30 X 60 X min X min
1h 1h

Time in h = 30 min X

8-9)
= 1800

This answer is clearly wrong because the units make no sense.
There are always two possible ratios of the known equivalent
quantities, but only one gives the proper units in the answer.
Which ratio is appropriate to use depends on how the problem is
stated. But in every case, using the proper ratio cancels out the old
units and leaves intact the desired units. Using the improper ratio
results in nonsensical units (like min®*h). This is a clear warning
that the ratio was upside down or otherwise incorrect.

EXAMPLE 1.20 Converting Units

Use the dimensional-analysis approach to convert 75.0 km
to meters.

Solution:

We begin by determining if there is a relationship between kilo-
meters and meters:
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Distance in
meters

Distance in

kilometers

From the table of metric units we see that 1 km = 1000 m, so there
is a relationship between these quantities:

1 km = 1000 m

L —

Distance in Distance in

kilometers meters

From the equivalence expression, 1 km = 1000 m, we can derive
two ratios (conversion factors), one of which we’ll use in the
calculation:

1 km - 1000 m
1000 m 1 km

Only one of these expressions, when multiplied by the given
quantity in kilometers, will correctly cancel the units. What are
the units if we multiply 75.0 km by the first ratio?

2
75.0 km x K0 _ g 9750 K2
m

1000 m

The units tell us that our first attempt leads to an answer that is
nonsense. Applying the other conversion factor, units cancel and
lead to an answer that makes sense:

1000 m

75.0 kat x =

= 75,000 m

Notice that our given quantity has three significant figures.
To show that we know the answer in the conversion to three
significant figures, we should express it in scientific notation:
7.50 x 10* m. (See Math Toolboxes 1.1 and 1.2 for details about
scientific notation and significant figures.)

Practice Problem 1.20
Convert 0.0276 kg to grams.

Further Practice: Questions 1.17 and 1.18 at the end of the
chapter

An Approach to Problem Solving

The processes just discussed can be generalized by the following
diagram:

What are we given and B What relationships 2
what are we looking for? }
Set up the > Check the

Consider the following problem: A liquid fertilizer tank has a
volume of 6255 ft*. How many gallons of liquid fertilizer can fit
into this tank?

1. Decide what the problem is asking for.

First, read the problem carefully. If you are not sure what a term
means, look it up. If it’s necessary to use an equation to solve
the problem, be sure you understand the meaning of each sym-
bol. Look for clues in the problem itself—words or phrases such
as determine, calculate, what mass, what volume, or how much.
After deciding what quantity the problem is asking for, write the
units in which this quantity must be stated. In the fertilizer tank
example, we want to find the volume of the tank in units of gallons
from units of cubic feet.

2. Decide what relationships exist between the information
given in the problem and the desired quantity.

If necessary, recall or look up equivalence relationships (such as
1 h = 60 min) inside the back cover. This information may not be
given in the problem itself. In the fertilizer tank example, we need
to convert volume in cubic feet to volume in gallons, so we need
an equivalence relationship between those two quantities. The
expression is 1 ft® = 7.481 gal.

The additional information that describes the relationship
between two quantities won’t always be a direct equivalence. A
series of equivalence expressions and their derived conversion
factors may be needed. Sometimes a mathematical equation is
required to express the equivalence between two quantities [e.g.,
Toc = (Top—32)/1.8]. At other times, some chemical principle may
have to be applied.

A word of caution: Just as a problem may contain less infor-
mation than you need to solve it, it may also contain more infor-
mation than you need. Never assume that you must use all of the
information. Examine all information critically and reject any that
is not pertinent.

3. Set up the problem logically, using the relationships decided
upon in step 2.

Starting with the relationships you obtained in step 2, develop
the ratios needed to arrive at the final answer. Be sure to set up
the ratios so that the old units cancel out and the desired units are
introduced in the appropriate positions.

In the fertilizer tank example, the ratio is (7.481 gal)/(1 ft).
The conversion is as follows:

7.481 gal
L

If you need a series of ratios to find the final answer, it is

often helpful to “map out” the route you will follow to get there.

Suppose you need to know how many centimeters are in 1.00 mile
(mi). This conversion can be summarized by a diagram:

?
()]

Volume in gal = 6255 2% = 46,790 gal
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Unfortunately you can only find a table that gives the number of
feet in a mile, the number of inches in a foot, and the number of
centimeters in an inch. The diagram to get from miles to centime-
ters might look like this:

. 1m1 5280 ft . 12 in
. lin= 2 54 cm -
in

The problem setup would follow this progression:

Distance in cm = 1.00 par” X 5280?% X 12 jrf x 2-54.0111
1 mr 1 f 1 i
=1.61 x 10°cm

4. Check the answer to make sure it makes sense, both in mag-
nitude and in units.

This step is just as important as the others. You must develop an
intuitive feeling for the correct magnitude of physical quantities.
Suppose, for example, you were calculating the volume of liquid
antacid an ulcer patient needed to neutralize excess stomach acid,
and the result of your calculation was 32 L. Now, units of liters
looks reasonable, since the liter is a valid unit of volume; but it
should be obvious that something is wrong with the numerical
answer. Since a liter is about the same volume as a quart, this
patient would need to drink 8 gal of antacid! The source of the
problem is probably an arithmetic error, or possibly omission of
the metric prefix milli- (10~) somewhere, since 32 mL would be
an appropriate volume to swallow. In any event, a result such as
this one should be recognized as unacceptable and the setup and
calculations checked for errors.

In the fertilizer tank example, the units cancel properly, so the
answer should be correct, if there are no arithmetic errors. Since
there are about 7.5 gal in 1 ft’, the answer should be greater than
the volume in cubic feet by something less than a factor of 10. The
answer is indeed within this expected range.

EXAMPLE 1.21 Problem Solving
If a laser beam fired from the moon takes 1.30 s to reach Earth,
what is the distance in meters between the moon and Earth?

Light travels in a vacuum at a speed of 3.00 x 10° cm in 1 s or
3.00 x 10" cm/s.

Solution:

We begin by determining if there is a relationship between seconds
and meters:

Distance in
meters

Time in
seconds

There isn’t, but the speed given, 3.00 x 10'° cm/s, is a rela-
tionship between time and distance in centimeters. We could use

this relationship to calculate the distance in centimeters and then
convert to meters.

10 -2
Time in SHDRIE cm/s’ Distance in @ im > Distance in
seconds centimeters meters

The ratios for converting seconds to centimeters can be expressed
in two ways:

3.00 x 10" cm or Is
Is 3.00 x 10" cm

When multiplied by the time, 1.30 s, the first one cancels units of
seconds and gives an answer in centimeters. To convert centime-
ters to meters, we use the equivalence expression

lem=102m

Rather than working with negative exponents, it is sometimes use-
ful to work in whole numbers. Dividing both sides of the expres-
sion by the quantity of the negative exponent provides a whole
number ratio that may be more convenient:

lem 167 m
10° w7
100cm = 1m

Two ratios can be written to describe this relationship:

100 cm 1m
or ————
1m 100 cm

‘When multiplied by the distance in centimeters, the second expres-
sion will correctly cancel units and give an answer in meters.

Multiplying the given distance by the two conversion factors
provides a sequence of steps that allows us to cancel the time units
(seconds) and distance in centimeters, giving the distance from
the moon to Earth in meters:

3.00x 10¢ar  1m
1£ 100 cart

Distance in meters = 1.30 g%

=3.90 x 10 m

Does this answer make sense? Yes, because we would expect
there to be a great distance between the moon and Earth. If
we had inversed the conversion factors, we would have got-
ten 4.33 x 10~ and units that do not make sense. The answer,
3.90 x 10%m, has three significant figures, which is the same as
the number in the given quantity.

Practice Problem 1.21

A tablet of a typical pain reliever contains 200 mg of active
ingredient. How many pounds of active ingredient are in a tab-
let? (Assume there are three significant figures in the 200-mg
quantity.)

Further Practice: Questions 1.19 and 1.20 at the end of the
chapter
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I KEY RELATIONSHIPS

Relationship

Equation

The density of an object is the ratio of its mass and volume.

Density = mass/volume

The absolute temperature in kelvins is offset from the Celsius temperature by 273.15.

Ty =Toc +273.15

The freezing point of water is set at 32°F and 0°C.

The Fahrenheit temperature has degrees that are 1.8 times as large as Celsius degrees.

Top = 1.8(To0) + 32

I KEY TERMS

aqueous solution (1.1) element symbol (1.1)
atom (1.1)

chemical change (1.2)

energy (1.3)
gas (1.1)
chemical formula (1.1) heterogeneous mixture (1.1)
chemical property (1.2) homogeneous mixture (1.1)
hypothesis (1.4)

kinetic energy (1.3)

liquid (1.1)

mass (1.1)

chemical reaction (1.2)
compound (1.1)
density (1.2)

element (1.1)

matter (1.1)
metal (1.1)

mixture (1.1)

pure substance (1.1)
scientific method (1.4)
solid (1.1)

molecule (1.1) solution (1.1)
nonmetal (1.1) temperature (1.2)
physical change (1.2)

physical property (1.2)

volume (1.2)
work (1.3)
physical state (1.1)

potential energy (1.3)

I QUESTIONS AND PROBLEMS

The following questions and problems, except for those in the Additional Questions section are paired. Questions in a pair focus on the
same concept. Answers to the odd-numbered questions and problems are in Appendix D.

Matching Definitions with Key Terms

1.1 Match the key terms with the following descriptions.

(a) a measure of the quantity of matter

(b) a characteristic of a substance involving the possible
transformations that the substance can undergo to
produce a new substance

(c) a combination of two or more substances that can be
separated by physical means

(d) a pure substance that cannot be broken down into
simpler stable substances in a chemical reaction

(e) the capacity to do work or to transfer heat

(f) a characteristic of a substance that can be observed
without changing its composition

(g) the physical state in which matter has no
characteristic shape but takes the shape of the filled
portion of its container

(h) the ratio of the mass of a substance to its volume

(1) a mixture with uniform composition

(j) the physical state of matter characterized by a fixed
shape and low compressibility

1.2 Match the key terms with the following descriptions.

(a) the smallest particle of an element that retains the
characteristic chemical properties of that element

(b) achange in which substances are converted into new
substances that have compositions and properties
different from those of the original substances

(c) anything that occupies space and is perceptible to the
senses

(d) a substance composed of two or more elements
combined in definite proportions

(e) a combination of atoms of one or more elements

(f) aprocess characterized by changes only in the
physical properties of a substance, not in its
composition

(g) the physical state in which matter has no fixed shape
or volume but expands to fill its container completely

(h) the energy possessed by an object because of its
position

(i) atentative explanation for the properties or behavior
of matter that accounts for a set of observations and
can be tested

(j) the energy possessed by an object because of its
motion

Math Toolbox Questions

1.3 Convert each of the following values to scientific notation.
(a) 29,500 (c) 650,000,000
(b) 0.000082 (d) 0.0100

1.4 Convert each of the following values to scientific notation.
(a) 0.00010 (c) 90,100,000
(b) 4500 (d) 0.0000079



46

1.5

1.6

1.7

1.8

1.9

1.10

1.14

Chapter 1 Matter and Energy
Convert each of the following values from scientific
notation to decimal form.

(a) 1.86x 1073 (c) 453 x10°

(b) 1x107 (d) 6.1x107
Convert each of the following values from scientific
notation to decimal form.

(a) 8.2x10° (c) 7x1072

(b) 2.025x10°° (d) 3.0x10%
For each of the following, carry out the mathematical
operation and report answers in scientific notation.
(a) 3.1x10%) x (2.0x 107?)

(b) (7.0x10%) = (2.0 x 10%)

(€) 2.8%x 10 + (9.6 x107?%)

(d) (5.0x107™?

(e) (8.50x 10%) — (3.0 x 10%)

() (6.4x107) + (4.0 x 10%)
For each of the following, carry out the mathematical
operation and report answers in scientific notation.
(@) (8.2% 10% = (4.1 x 107%)

(b) (3.5 x 10%*

(©) (6.6 x107) +(2.2x10%

(d) (4.23x10%) x (2.0x 107%)

(e) (8.44x10% + (1.2 x 10%

(f) (458 x10°) = (3.64 x 107)

Determine the number of significant figures in the

following.

(a) 0.0950 (d) 0.0052

(b) 760 (e) 3.46x 10"

(c) 1.005

Determine the number of significant figures in the
following.

(a) 1.48 x 1072 (d) 70.25

(b) 156.0 (e) 140

(c) 0.04350

Express the answers to the following operations with the
proper number of significant figures.

(a) 1.2x1.216

(b) 3.000/2.0

(€) (1.201 x 10%) x (1.2 x 107

(d) (1.44)"?
Express the answers to the following operations with the
proper number of significant figures.

(@) (1.600 x 107)(2.1 x 10%)

(b) (1.33)°

(c) 1.93 x2.651

(d) 4.4/2.200

Express the answers to the following operations with the
proper number of significant figures.

(a) 1.6 +1.15 (c) 1.8+ 1.022 +0.001

(b) 41.314-41.03 (d) 0.050-0.0012
Express the answers to the following operations with the
proper number of significant figures.

(a) 87.5+1.3218 (c) 1.2316-1.01

(b) 422 -410.2 (d) 1.5678 +0.23 + 0.0006

Round each of the following numbers to three significant

figures.
(a) 1.2126 (d) 42.186
(b) 0.2045 (e) 0.007101

(c) 1.8351

1.16

1.18

1.19

1.20

1.21

1.22

Round each of the following numbers to three significant
figures.

(a) 0.020450
(b) 1.3602 x 10*
(c) 13.475
Carry out the following conversions. Report your answers
to the correct number of significant figures.

(a) 36 mm to m (g) 1681btog

(b) 357kgtog (h) 914 qttoL

(¢) 76.50 mL to L (i) 44.5cmtoin

(d) 0.0084670 m to cm (j) 236.504 g to1b

(e) 597 nmtom (k) 20Ltoqt

(f) 36.5into cm
Carry out the following conversions. Report your answers
to the correct number of significant figures.

(a) 75.5 kmtom (g) 2561lbtog

(b) 25.7 gto mg (h) 4.005qttoL

(c) 0.516 LtodL (i) 934 cmtoin

(d) 52cmtom (j) 155gtolb

(e) 0.000000450 m to nm (k) 22.4Ltoqt

(f) 12 in to cm

Carry out the following conversions. Report your answers
to the correct number of significant figures.

(d) 16.225
(e) 1.0001

(a) 947 m to mi (g) 6891btokg
(b) 6.74 kg to1b (h) 0.5 qttomL
(c) 250.4 mL to gal (i) 125cmto ft
(d) 2.30 dL to mL (j) 542mgtolb

(e) 0.000450 cmtonm (k) 25nL to gal
(f) 37.5intom

Carry out the following conversions. Report your answers
to the correct number of significant figures.

(a) 32 cm to ft (g) 2.7lbtokg

(b) 0.579kgtolb (h) 8.320 qt to mL

(c) 22.70 uL to qt (1) 375 kmto ft

(d) 9212 mm to km (G) 62gtooz

(e) 465 nm to mm (k) 752 mL to gal

(f) 4fttocm
Carry out the following conversions. Report your answers
to the correct number of significant figures.

(a) 375 m/s to ft/min

(b) 24.5 cm® to in®

(c) 19.3 g/mL to Ib/in®
Carry out the following conversions. Report your answers
to the correct number of significant figures.

(a) 27 ft/s to cm/min

(b) 2764 ft* to m*

(c) 0.927 g/mL to Ib/gal

Matter and Its Classification

1.23

How would you classify the following items observed by
Bill and Anna?
(a) water in a fountain containing dissolved dye
(b) a copper pipe
(c) the contents of a balloon after blowing it up by mouth
(d) aslice of pizza
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How would you classify the following items observed by
Bill and Anna?

(a) sand in a volleyball court

(b) a baseball bat made entirely of aluminum

(c) the contents of a balloon filled from a helium tank
(d) a glass filled with a soft drink

Which of the following are examples of matter?
(a) sunlight

(b) gasoline

(c) automobile exhaust

(d) oxygen gas

(e) iron pipe
Which of the following are not examples of matter?
(a) light from a fluorescent bulb

(b) sand

(c) wheelbarrow rolling down a ramp

(d) helium balloons

(e) heat from a welding torch

How are elements distinguished from compounds?

How are homogeneous mixtures distinguished from
heterogeneous mixtures?

List characteristics of metals.
List characteristics of nonmetals.

Name the following elements.

(a) Ti (b) Ta (c) Th (d Tc (e) TI
Name the following elements.

(a) C (e) Cu

(b) Ca ) C

(c) Cr (g) Cs

(d) Co

Name the following elements.

(a) B (b) Ba (c) Be (d Br (e) Bi
Name the following elements.

(a) S (b) Si (c) Se (d Sr (e) Sn
Name the following elements.

(a) N (c) Mn (e) Al

(b) Fe (d) Mg () Cl

Name the following elements.

(a) Be (c) Ni (e) Ti

(b) Rb (d) Sc (f) Ne

What are the symbols for the following elements?

(a) iron (d) gold

(b) lead (e) antimony

(c) silver

What are the symbols for the following elements?

(a) copper (d) sodium
(b) mercury (e) tungsten
(c) tin

A chemical novice used the symbol Ir to represent iron. Is
this an acceptable symbol for the element? If not, what is
the correct symbol for iron?

A chemical novice used the symbol SI to represent
silicon. Is this an acceptable symbol for the element? If
not, what is the correct symbol?

The symbol NO was used by a student to represent
nobelium, an unstable, synthetic element. Is this an
acceptable symbol for the element? If not, what is the
correct symbol?

1.42

1.43

1.44

Questions and Problems 47

A student used the symbol CO to represent cobalt, an
element found in vitamin B,,. Is this an acceptable symbol
for the element? If not, what is the correct symbol?
Classify each of the following as a pure substance, a
homogeneous mixture (solution), or a heterogeneous
mixture: hamburger, salt, soft drink, and ketchup.

Classify each of the following as a pure substance, a
homogeneous mixture (solution), or a heterogeneous
mixture: sand, boardwalk, ocean, and roller coaster.

1.45

1.46

1.47

1.48

Elemental hydrogen normally exists as two hydrogen
atoms bound together. Write the formula for this
molecule, and draw a picture to represent how it might
look on a molecular level.

Elemental chlorine normally exists as two chlorine atoms
bound together. Write the formula for this molecule,

and draw a picture to represent how it might look on a
molecular level.

This image is a representation for a compound containing
nitrogen and oxygen. Write the formula for this
compound.

This image represents a compound containing phosphorus
and chlorine. Write the formula for this compound.

@
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Which of the images represents a mixture of an element
and a compound?
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Which of the images in Question 1.49 represents a pure
substance that is a compound?

Classify each of the following as an element or a

compound.

(a) O, (c) Py (e) NaCl

(b) Fe,04 (d) He () H,O

Classify each of the following as an element or a
compound.

(a) hydrogen gas (d) nitrogen dioxide
(b) water (e) aluminum chloride
(c) salt (f) neon

Under normal conditions, mercury is a liquid. Draw
molecular-level pictures of what mercury atoms might
look like in the liquid and solid states.
Under normal conditions, bromine is a liquid. Draw
molecular-level pictures of what bromine, Br,, might look
like in the liquid and gaseous states.
What type of matter expands to fill its container and can
be compressed to a smaller volume?
What type of matter is composed of particles that do not
move past one another?
Identify the physical state of each of the following
elements from their symbols.

(a) Cly(g) (b) Hg() (c) C(s)
Identify the physical state of each of the following
compounds from their symbols.

(a) NaCl(s)  (b) CH;0H()) (c) COyx(g)
What physical state is represented in this diagram?

Draw a picture of the gaseous state of the substance
shown in Question 1.59.

How might you symbolically represent a homogeneous
mixture of oxygen, O,, and water?

Why does the symbol H,O(aq) make no sense?

Physical and Chemical Changes and
Properties of Matter

1.63

1.64
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At the beginning of the chapter, Anna and Bill made
many observations about what they saw. Some of their
observations included color, texture, and shininess. Are
these physical or chemical properties?

At the beginning of the chapter, you were asked to classify
processes like a truck running on gas or welding pieces of
metal. After reading the chapter, would you classify these
processes as physical or chemical changes?
A slice of Swiss cheese contains 45 mg of sodium.

(a) What is this mass in units of grams?

(b) What is this mass in units of ounces (0z)?

(16 02=453.6 g)

(c) What is this mass in pounds (1b)? (1 1b =453.6 g)
A package of Swiss cheese has a mass of 0.340 kg.

(a) What is this mass in grams?

(b) What is this mass in ounces (0z)? (16 oz =453.6 g)
(c) What is this mass in pounds (Ib)? (1 Ib =453.6 g)
A grain of salt has a mass of about 1.0 x 10 g. What is
its mass in the following units?

(a) milligrams

(b) micrograms

(c) kilograms
If a dog has a mass of 15.2 kg, what is its mass in the
following units?

(a) grams

(b) milligrams

(c) micrograms
If you drank 1.2 L of a sports drink, what volume did you
consume in the following units?

(a) milliliters

(b) cubic centimeters

(¢) cubic meters

If the volume of helium in a balloon is 145 cm?®, what is
its volume in the following units?

(a) milliliters

(b) liters

(c) cubic meters
If the length, width, and height of a box are 8.0 cm,
5.0 cm, and 4.0 cm, respectively, what is the volume of
the box in units of milliliters and liters?
If a cubic box (all sides the same length) has a volume of
1.0 L, what is the length of each side of the box?
A slice of cheese has a mass of 28 g and a volume of
21 cm?®. What is the density of the cheese in units of g/cm®
and g/mL?
Two stones resembling diamonds are suspected of being
fakes. To determine if the stones might be real, the mass
and volume of each were measured. Both stones have the
same volume, 0.15 cm®. However, stone A has a mass of
0.52 g and stone B has a mass of 0.42 g. If diamond has a
density of 3.5 g/cm3, could the stones be real diamonds?
Explain.
If the density of a sugar solution is 1.30 g/mL, what
volume of this solution has a mass of 50.0 g?
The density of a certain type of plastic is 0.75 g/cm’. If a
sheet of this plastic is 10.0 m long, 1.0 m wide, and 1 cm
thick, what is its mass?
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Why do liquids have greater densities than gases?
‘When a balloon filled with air is heated, the balloon
increases in volume. Does the density of the air in the
balloon increase, decrease, or remain the same?

A piece of plastic sinks in oil but floats in water. Place
these three substances in order from lowest density to
greatest density.

What special molecular-level feature of ice explains why
ice floats in water?

Ice Liquid water

Acetone, a component of some types of fingernail polish,
has a boiling point of 56°C. What is its boiling point in
units of kelvin?

The boiling point of liquid nitrogen is 77 K. What is its
boiling point in units of degrees Celsius?

What is the difference in temperature between the boiling
point of water and the freezing point of water in each of
the following temperature scales?

(a) Celsius scale

(b) kelvin scale

(c) Fahrenheit scale
If the temperature of a cup of coffee decreases from
60.0°C to 25.0°C, what is the decrease in temperature in
units of degrees Celsius and kelvin?

Does the boiling point of a substance depend on how
much of this substance you have?

Does the melting point of a substance depend on how
much of this substance you have?

Identify each of the following as a physical property or a
chemical property.

(a) mass

(b) density

(c) flammability

(d) resistance to corrosion

(e) melting point

(f) reactivity with water
Identify each of the following as a physical property or a
chemical property.

(a) boiling point

(b) reactivity with oxygen

(c) resistance to forming compounds with other elements
(d) volume
Identify each of the following as a physical change or a
chemical change.

(a) boiling acetone

(b) dissolving oxygen gas in water

(c) combining hydrogen and oxygen gas to make water
(d) burning gasoline

(e) screening rocks from sand

(f) the conversion of ozone to oxygen,

204(g) —> 304(2)
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Questions and Problems 49

Identify each of the following as a physical change or a
chemical change.
(a) condensation of ethanol
(b) combining zinc and oxygen to make the compound
zinc oxide
(c) dissolving sugar in water
(d) burning a piece of paper
(e) combining sodium metal with water, producing
sodium hydroxide and hydrogen gas
(f) filtering algae from water
Write a symbolic representation and a molecular-level
representation for the change that occurs during the
condensation of chlorine, Cl,.

Write a symbolic representation and a molecular-level
representation for the process of freezing oxygen, O,.

Do the changes shown in this diagram represent a physical
or chemical change?

Before After

Do the changes shown in this diagram represent a physical
or chemical change?

Draw a picture that shows CH, (shown in the “After”
image in Question 1.93) condensing from a gas to a
liquid. Does this picture represent a physical or a chemical
change?

Draw a picture that shows water boiling. Does this picture
represent a physical or chemical change?

The image shows what happens when iodine, I,, is placed
in the bottom of a test tube and heated. Is this a physical
or chemical change?

-«
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1.98  The picture shows natural gas (CH,) burning. In the
process, carbon dioxide and water form. Is this a physical
change or a chemical change?

Energy and Energy Changes
1.99  Anna and Bill saw a construction worker welding pipe.
Classify the forms of energy they were observing.

1.100 Bill and Anna watched students playing volleyball in
the sunshine. Classify the forms of energy they were
observing.

1.101 Which of these two samples of carbon dioxide gas has
more kinetic energy? Explain your answer.

1.102 Which of these two samples of methane gas is at a higher
temperature? Explain your answer.

o
"

1.103 Give examples of potential energy that you can find in
your room.

1.104 Give examples of kinetic energy that you can find in your
room.

1.105 Distinguish between the different types of energy shown
in the following picture.

1.106 Distinguish between the different types of energy shown
in the following picture.

1.107 Describe how some common types of energy can change
from one type to another.

1.108 If energy cannot be created, what is the source of the
energy that is released when gasoline is burned?

1.109 In terms of kinetic and potential energy, describe what
happens when a home run is hit on a softball field.

1.110 In terms of kinetic and potential energy, describe what
happens when a basketball is dribbled down a basketball
court and shot to score three points.

1.111 Body mass index (BMI) is a number calculated from
a person’s weight and height. BMI provides a reliable
indicator of body fatness for most people and is used
to screen for weight categories that may lead to health
problems. The formula for a person’s BMI is

weight (kg)

BMI = 3
[height (m)]

For an adult, a BM value between 18.5 and 24.9 is healthy
and considered normal.
(a) Calculate the BMI for a 6-ft, 2-in man who
weighs 169 1b.
(b) Is this person underweight, at a healthy weight, or
overweight?
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Consider propane fuel being burned to power a vehicle.
How would you classify the transformation of energy in
this process in terms of kinetic and potential energy?
Consider water falling into a fountain. How would you
classify the transformation of energy in this process in
terms of kinetic and potential energy?

Scientific Inquiry

1.114
1.115
1.116

1.117

1.118

1.119

Explain the difference between a hypothesis and a theory.
Explain how a hypothesis is used in scientific research.
Classify each of the following as an observation,
hypothesis, law, or theory.

(a) When wood burns, oxygen is consumed.

(b) Heavier-than-air objects always fall toward the center

of Earth.

(c) Matter is composed of atoms.

(d) Crime rates increase when the moon is full.
Classify each of the following as an observation, an
hypothesis, law, or theory.

(a) Bad luck results from walking under a ladder.

(b) Oil floats on water.

(c) Oil floats on water because it is less dense.

(d) Wood burns.

You observe coins in a fountain and propose the
hypothesis that fountains are built with coins in them.
Suggest experiments to test this hypothesis.

You observe a piece of balsa wood floating on water
and propose the hypothesis that all wood floats on
water because wood is less dense than water. Suggest
experiments to test this hypothesis.

Additional Questions

1.120

1.121
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1.124
1.125

Rank the following measurements in order from smallest
to largest: 1.0 x 10 m, 2.0 x 10° m, 3.0 x 10 km,

4.0 x 10> mm, 0.0 m, 1.0 m.

The density of air in a balloon is less at high altitudes than
at low altitudes. Explain this difference.

If the temperature in a room increases from 20.0°C to
30.0°C, what is the temperature change in units of kelvin?

If you have a sample of zinc and a sample of copper, and
both have the same mass, which has the greatest volume?

Give the symbols for potassium and phosphorus.

Give the symbols for the following noble gas elements:
(a) helium

(b) neon

(c) argon

(d) krypton

(e) xenon

(f) radon
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Questions and Problems 51

The red blood cell (RBC) count for a normal female is
about 5 million RBCs per uL (1 uL = 1 mm?). How many
red blood cells are in a gallon of normal female blood?
Recycling facilities around the world use a variety of
techniques to separate different types of recyclable waste.
Wet separation is a method that involves processing
certain kinds of waste (for example, glass, sand, and
metal) based on their densities relative to water. Is this
type of separation based on the physical or chemical
properties of the recyclable waste?

These samples of metals have the same mass. Which has
the greater density?

The typical dose of epinephrine at a particular
concentration administered to a patient under cardiac
arrest is 0.1 mg per kilogram of body weight. If a
patient weighs 180 1b, how much epinephrine should be
administered?

About 70 million tons of paper are used per year in the
United States. If the U.S. population is about 301.6
million people, how many kilograms of paper are used by
the average U.S. citizen?

During a typical physical exam blood tests to measure
cholesterol levels are usually run. A total cholesterol level
of 240 mg/dL or above is considered high. What is this
threshold level in units of pounds per fluid ounce? If a
typical adult has 4 to 6 L of blood, how many pounds of
cholesterol are present in the blood of a patient with a
total cholesterol level of 260 mg/dL?

The densities of antifreeze, corn oil, dish detergent, maple
syrup, shampoo, and water are 1.13, 0.93, 1.03, 1.32, 1.01,
and 1.00, respectively. Which layer is which substance in
the figure?
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hen Anna and Bill went looking for things related to chemistry (in Chapter 1),

they classified nearly everything they saw as matter. Now Anna, who is writ-
ing a history paper, wants to know how our modern ideas about the atom arose. She
learned in a philosophy class that the ancient Greeks thought the world was made
up of four kinds of matter: earth, air, fire, and water. They called them elements.
How did we come to understand matter as being composed of atoms of the different
elements in the periodic table?

As Anna sets out to learn more, she discovers that the concept of the atom dates
back to 450 BC. The Greek philosopher Democritus believed that there was a limit
to how far matter could be broken down into smaller pieces. A piece of sand, for
example, could be split into smaller pieces, and those pieces into even smaller
pieces. But it made no sense to Democritus that the piece of sand could be broken
down into smaller pieces forever.

Democritus gave the smallest components of matter the name atomos (atom in
English), which is a Greek word meaning “unbreakable.” Democritus thought that
individual atoms were too small to see, but when combined together they made up
everything that was visible. Although not all the philosophers of the day agreed with
him, Democritus suggested that each “element” (earth, air, fire, and water) might be
made up of different types of atoms.

After Democritus, some embraced the idea and tried to convince others, but the
concept of the atom did not become popular until centuries later. In the 1700s, chem-
ists realized that they must look for elements by breaking down matter into simpler
substances. Once they had something that could not be broken down any further,
they called it an element. About 30 different elements had been discovered by the
end of the 1700s. They included most of the common metals, such as gold, silver,
and copper; less common metals such as nickel, cobalt, and uranium; and two of the
gaseous elements in air, nitrogen and oxygen.

Throughout the 1700s, few chemists believed that elements were made of
atoms. The experiments of many chemists, however, provided evidence for the
atomic nature of matter.

Anna learns that the science and math teacher John Dalton offered the first
convincing argument for the existence of atoms, which he published in a book in
1808. So persuasive were his arguments that the idea came to be called Dalton’s
atomic theory. Anna can’t help but wonder why Dalton got the credit for the atom
instead of Democritus. Their views were very similar. The difference is that Dem-
ocritus and other philosophers had no scientific evidence to support their ideas.
Their concepts were merely opinions of what seemed right. Dalton, however, pored
over hundreds of experimental results and showed how they could be explained by
assuming that atoms exist.

As Anna continues her research, she learns that the acceptance of Dalton’s
atomic theory by the scientific community paved the way for our current under-
standing of the atom—the modern model of the atom. Many additional questions
pop into Anna’s head now. How are atoms of different elements, such as carbon and
hydrogen, different from one another? Do they have different masses? Are atoms
composed of even smaller particles?

Anna isn’t the only one who’s finding that chemistry relates to other subjects.
Anna’s roommate Megan, a nutrition major, is quick to realize that the human body
is composed of matter, and that everything we are made of is just different combina-
tions of elements. Although we are about 93% carbon, hydrogen, and oxygen, small
amounts of many other elements are essential to proper functioning. Many of these
are called essential minerals. Minerals are crucial to the growth and production of
bones, teeth, hair, blood, nerves, and skin, not to mention the enzymes and hor-
mones that living cells and tissues need to function. The essential minerals that we
need in the greatest quantity are calcium, phosphorus, potassium, sodium, chlorine,

53



54 Chapter 2 Atoms, lons, and the Periodic Table

As you will learn in Chapter 15,
mass is not conserved in reactions
that involve the nucleus of the
atom. In nuclear fusion reactions
that occur in the Sun, for example,
matter is converted into energy.
Nuclear reactions were not known
in Lavoisier’s and Dalton’s time.

| 2.1 | DALTON’S ATOMIC THEORY

magnesium, and iron. We get them from the foods we eat and drink. For example,
calcium, which makes bones strong, is found in significant amounts in milk prod-
ucts. Potassium, an important regulator of cell fluids, is found in many fruits and
vegetables. Iron, a building block for the oxygen-carrying hemoglobin in our blood,
comes from fruits, vegetables, and red meat.

Megan notices that many of the minerals are classified as metals on the periodic
table. Are we ingesting metals in the foods we eat? Generally, no. We take them in
as components of compounds in which a metal such as iron exists as an ion. An ion
is an atom with an electrical charge. The properties of metal ions are different from
the properties of pure metal elements. [ons are important to the chemical processes
that occur in our bodies. After learning about ions as nutrients, Megan begins to
wonder how ions differ from atoms and why they have different properties.

In this chapter we will learn about the atoms that compose the elements and
about the similarities and differences among them. We will answer Anna’s and
Megan’s questions and many of your own.

Questions for Consideration

2.1 What evidence suggests that matter is composed of atoms?

2.2 How can the composition of atoms differ?

2.3 How do ions differ from the atoms of elements?

2.4 How can we describe the mass of the atoms of an element?

2.5 How does the periodic table relate to the structure and behavior of atoms?

@ Math Tools Used in This Chapter

Scientific Notation (Math Toolbox 1.1)
Significant Figures (Math Toolbox 1.2)

In Anna’s research, she learned that before the nineteenth century, many believed
that matter was continuous—that is, that it could be divided infinitely (Figure 2.1).
That notion began to change in 1808, when John Dalton published his atomic
theory. Dalton based his argument on experimental evidence that had begun accu-
mulating about three decades earlier. For example, Antoine Lavoisier’s experimen-
tal results led to the law of conservation of mass, which he published in 1787. His
experiments showed that no measurable change in mass occurs during a chemical
reaction. The mass of the products of a reaction always equals the mass of the react-
ing substances.

When we observe chemical changes, it may seem in some cases that the law of
conservation of mass does not apply. After wood is burned in a bonfire, for example,
there is less mass left in the fire pit. When an iron nail rusts, the rusted nail has a
greater mass than the original nail. However, if we carry out each of these reactions
in a closed container and find the mass of the closed container and its contents before
and after the change, the mass does not change. With an open container, the gases
produced when wood burns escape into the atmosphere, so they are not included in
the final measurement. The gases consumed when a nail rusts are not included in
the original mass. The example in Figure 2.2 shows the conservation of mass when
a reaction occurs in a closed system. Lavoisier did experiments like these in which
he was careful not to let any matter enter or escape.

Joseph Proust did similar experiments, mostly reacting metals with oxygen. He
found that the oxygen content of the products was always fixed at one or two values,
rather than showing a range of all possible values. His findings, published between
1797 and 1804, led to the law of definite proportions. This law states that all
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Cu atom

samples of the same compound always contain the same proportions by mass of the
component elements. For example, pure water is always composed of oxygen and
hydrogen with a mass ratio of 8 g of oxygen for every 1 g of hydrogen. Conversely,
when water is broken down into its elements using electricity, oxygen and hydrogen
are formed in this same mass ratio of 8:1.

Dalton reasoned that the law of conservation of mass and the law of definite
proportions could be explained only if matter was composed of atoms. The follow-
ing postulates summarize Dalton’s atomic theory:

1. All matter is composed of exceedingly small, indivisible particles, called atoms.

2. All atoms of a given element are identical both in mass and in chemical proper-
ties. However, atoms of different elements have different masses and different
chemical properties.

3. Atoms are not created or destroyed in chemical reactions.

4. Atoms combine in simple, fixed, whole-number ratios to form compounds.

METTILER  Bowkal

[t

FIGURE 2.2 When sodium carbonate is placed in a solution of hydrochloric acid, a reaction
forms carbon dioxide gas. Because the carbon dioxide is not allowed to dissipate into the
atmosphere, its mass is included in the final mass in the experiment shown here. How would the
result be different if the container were open?

Dalton’s Atomic Theory 55

FIGURE 2.1 Even when viewed under
an optical microscope (center), the
particle composition of the copper wire
is not obvious. It seems continuous
rather than particulate. As shown by the
model (right), it would be necessary to
use an electron microscope to observe
that copper metal, and all matter, is
composed of particles.
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FIGURE 2.3 Two H, molecules combine with one H,0
0, molecule and rearrange to form two H,O H, 0,

molecules. A chemical reaction is simply the

rearrangement of atoms into new combinations.

FIGURE 2.4 Image of atoms on the surface of gold
captured by a scanning tunneling microscope (STM).

A light microscope cannot resolve
images smaller than the size of the
waves making up the light used to
examine the object.

A chemical reaction, according to Dalton’s atomic theory, is a rearrangement of
atoms into a new combination, resulting in the formation of one or more new
chemical substances (Figure 2.3). Although Dalton’s theory has been modified over
the past 200 years, it still provides the basis for understanding how atoms are the
building blocks of matter. As with most theories, atomic theory has been amended
as new evidence has been found. We now know that some of Dalton’s postulates
are not quite correct. The first statement, for example, is not strictly true. Atoms are
composed of even smaller particles, called subatomic particles. The second state-
ment is not quite accurate either. As you will learn in Section 2.2, atoms of a given
element actually can vary in mass.

Still, Dalton’s central idea has stood the test of time and experimentation—
although for nearly two centuries no one had a way to see the atoms that Dalton
proposed. Because atoms are so small, they cannot be seen using an optical micro-
scope. However, with the invention of the scanning tunneling microscope (STM) in
1981, scientists can now observe what we interpret to be single atoms on the surface
of a material (Figure 2.4).

I 2.2 | STRUCTURE OF THE ATOM

When reading nutritional labels, Megan noticed that a food supplement contained both
iron and selenium. She wondered how the atoms of these elements differ. Scientists
have also asked this question about atoms in general and found ways to probe their
composition. They have studied the smaller particles that actually make up atoms.

Subatomic Particles

Atoms are not the small, indivisible particles Dalton envisioned. They consist of
even smaller particles that together make up all atoms. A subatomic particle is a
smaller particle found inside an atom. More than 40 are known, but only three have
importance in chemical behavior. These subatomic particles are the proton, neutron,
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and electron. It was not until the late 1800s that researchers developed instruments
and techniques capable of detecting subatomic particles and revealing their numbers
and arrangements in atoms.

The existence of the electron, a negatively charged subatomic particle, was
demonstrated by J. J. Thomson in 1897. He conducted a series of experiments with
cathode-ray tubes (Figure 2.5). In a partially evacuated cathode-ray tube, a voltage
is applied by connecting each end of the tube to a battery. Electricity then flows from
one end of the tube to the other in the form of a ray. The invisible rays can be
observed when they cause certain materials coated on the glass to glow. Thomson
found that, in a magnetic or electric field, the rays bent toward a positively charged
plate and were deflected away from a negatively charged plate outside the tube. He
knew that like electrical charges repel each other and opposite charges attract each
other. The bending of the beam toward the positive plate (and away from the nega-
tive plate) showed that the beam was composed of negatively charged particles.
Thomson showed that the rays had a negative electrical charge no matter what mate-
rial was used for the source of the rays. This result indicated that the rays were
composed of identical, negatively charged particles common to all matter. We call
these particles electrons. Thomson was also able to determine the charge-to-mass
ratio of the electron from such experiments.

Building on these results, Robert Millikan experimented with oil droplets in an
effort to measure the strength of the negative charge on an electron (Figure 2.6).
When he exposed the droplets to radiation, they took on an electrical charge. By mea-
suring the magnitude of the electric field necessary to cause the droplets to hang sus-
pended in air, Millikan determined that the charge on an electron is —1.6022 x 107"
coulombs (C) (a coulomb is a unit of electrical charge). He then calculated the mass

Power source Phosphor-coated end of tube
detects position of cathode ray
Hole

Cathode ray

Cathode r—

Anode \‘

Evacuated
tube

Measure of
A deflection

Positively

"
T l/ charged plate

Negatlvely
charged plate

B

FIGURE 2.5 J.J. Thomson’s experiments with cathode-ray tubes led to the discovery of the
electron. (A) In a normal cathode-ray tube, the cathode ray travels in a straight path when there
is no external field. (B) When Thomson applied an external electric field to the cathode-ray tube,
the cathode ray bent toward the positive plate. It was known that like charges repel each other
and opposite charges attract each other. The bending of the beam toward the positive plate (and
away from the negative plate) indicated that the beam was composed of negatively charged
particles.

Cathode-ray tubes (CRTs) are

the fundamental components of
older television picture tubes and
computer monitors. The screen
contains chemical compounds that
glow when struck by fast-moving
electrons. Different chemicals that
glow different colors provide a color
picture.

How did the discovery of electrons
make it necessary to change one of
Dalton’s postulates?

@ ANIMATION: Thomson’s Experiment

@ ANIMATION: Cathode-Ray Tube
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#Y ANIMATION: Millikan Oil Drop

Electron

Sphere of
positive
charge

FIGURE 2.7 Thomson’s model
suggested that electrons in the atom
might be embedded in a sphere of
positive charge, like raisins in plum
pudding.

@ Fine mist of oil is
sprayed into apparatus

(@ Oil droplets fall
through hole in
positively
charged plate

— )

Viewing

X-ray source microscope

@ X-rays knock .
electrons from 1 L | S
surrounding air, =
which stick to
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plates influence motion and controls
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FIGURE 2.6 In Millikan’s oil-drop experiment, the electric field strength required to suspend
an oil droplet depended upon the number of extra electrons on it. These experiments allowed
Millikan to determine the charge of a single electron and calculate its mass.

of an electron to be 9.1094 x 107 g from its charge and the charge-to-mass ratio
determined by Thomson. Since even the lightest atoms have a mass greater than
10** g, an electron contributes only a small part to the mass of an atom. In fact, the
mass of an electron is 1836 times less than the mass of one hydrogen atom, the light-
est of all the elements. Because of the electron’s small mass, it was originally
thought that thousands of them must lie inside a single hydrogen atom. We now
know there is only one.

The discovery of the electron stimulated many more experiments in search
of other subatomic particles. Since atoms are electrically neutral, scientists rea-
soned that atoms must contain positively charged particles to counter the negatively
charged electrons. The positively charged particle, called a proton, has a charge
equal in magnitude to the electron but opposite in sign, +1.6022 x 107 C. To be
electrically neutral, an atom must have equal numbers of protons and electrons.
To make it easier to deal with electrical charges in matter, we usually express the
charges as a multiple of the charge of an electron or of a proton, instead of in units
of coulombs. Expressed in this way, the charge of an electron is 1-, and the charge
of a proton is 1+.

The Nuclear Atom

How might protons and electrons be arranged in an atom? Thomson’s model of
atomic structure, called the “plum pudding” model, assumed that protons and elec-
trons were evenly distributed throughout the atom (Figure 2.7). Ernest Rutherford
designed an experiment to test this model, and his associate, Hans Geiger, carried it
out. The experiment involved bombarding thin gold foil with alpha particles. Alpha
particles were known at the time as positively charged particles thousands of times
greater in mass than electrons. (Today we know them as helium atoms that have lost
their electrons.) According to the plum pudding model, none of the alpha particles
should have been affected by the dispersed bits of positive and negative charge in
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the gold atoms. They should have zipped right through the gold foil, and most did.
However, some were deflected slightly, and a few actually bounced backwards, as
shown in Figure 2.8. The result was quite unexpected. It was as if you fired a bullet at &Y ANIMATION: Rutherford's Gold
a sheet of tissue paper and it came back and hit you! The deflection of these massive Foil Experiment
alpha particles suggested that most of the mass of the atom had to be concentrated
in a positively charged core, which Rutherford called the nucleus. The electrons,
he reasoned, had to be dispersed in the large volume outside of the nucleus. The
large electron space was the area penetrated by most of the alpha particles. Only
if an alpha particle came close enough to the incredibly dense nucleus would it be
deflected from its original path. The alpha particles that hit the nucleus of a gold
atom head-on were deflected backwards.
Rutherford’s experiment was the basis for the nuclear model of the atom
(Figure 2.9), developed in 1907. The model suggested that the nucleus contains the
protons and most of the mass of the atom. The electrons exist outside the nucleus in
what is often called an “electron cloud.”
The diameter of the nucleus is about 10'* m, and the diameter of the atom is
about 107" m. These relative sizes are comparable to a flea in the center of a domed  Although a penny contains about
stadium. The mass of a proton, 1.6726 x 10* g, is nearly the same as the mass of a 1 X 10? atoms, most of the penny
hydrogen atom. The proton is equal in charge (but opposite in sign) to the electron, ~1s empty space. Why?
but 1836 times greater in mass.
These experiments helped Rutherford and other scientists understand the struc-
ture of the atom better, but they could not account for the entire mass of the atom.
Most atoms other than the hydrogen atom have masses that are at least twice the
sum of the masses of the protons and electrons they contain. For example, calcium
contains 20 protons and 20 electrons. Together, their mass is 3.3471 x 10 g. Yet a
calcium atom has a mass that is nearly twice this value (6.6359 x 10 g).

&Y ANIMATION: o-Particle Scattering

A Hypothesis: Expected result C Actual Result
based on plum pudding model

Incoming o . L |5 Almost no Incoming o
particles deflection B Experiment particles

@ Radioactive sample
emits beam of o particles

@ Beam of o particles
strikes gold foil

Cross section of gold
foil composed of atoms
with a tiny, massive,
positive nucleus

Cross section of

gold foil composed of
plum pudding atoms

@ Major deflections
of o particles are
seen very rarely

o @ Flashes of light produced
when o particles strike a
zinc-sulfide screen show

@ Minor deflections of that oSt o p e_lrtlc_les are
. transmitted with little or
o, particles are seen

- no deflection
occasionally

FIGURE 2.8 Rutherford’s gold foil experiment led to the nuclear model of the atom. A beam of positively charged alpha (o) particles

was directed through a thin layer of gold. A zinc-sulfide screen detected the alpha particles by producing a flash of light upon contact.

(A) According to the plum pudding model, all alpha particles should have penetrated straight through the gold atoms. (B) In the experiment,
many of the alpha particles penetrated straight through the atom, but some were deflected. (C) The nuclear model of the atom explains the
experimental results. The positively charged protons are packed tightly together in the very center of the nucleus. When the nucleus is in the
path of an alpha particle, the alpha particle is deflected from its original path.
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Proton
Neutron

@
Nucleus

Electron cloud
3 electrons

Expanded view

FIGURE 2.9 In the nuclear model of the atom, protons (blue spheres) and neutrons (red spheres)
are located in a tiny nucleus at the center of the atom. The space outside the nucleus is occupied
by the electrons.

To account for the extra mass, Rutherford hypothesized the neutron. A neutron
is an uncharged particle in the nucleus of the atom. Because of the electrical neutral-
ity of the neutron, it was difficult to find. It was not until 1932 that James Chadwick,
a scientist working with Rutherford, did experiments that detected the neutron. The
mass of the neutron was determined to be 1.6749 x 10* g, slightly greater than the
mass of a proton. The properties of the electron, proton, and neutron are summarized
in Table 2.1. All of the subatomic particles in the table are important to the nuclear
model of the atom as we understand it today (Figure 2.9).

In Chapters 7 and 8 you will learn how electrons relate to chemical reactivity.
In Chapter 15, you will learn how neutrons relate to nuclear radioactivity. In this
chapter, we will focus on how protons determine the identity of an atom, neutrons
help determine its mass, and electrons determine its charge.

Isotopes, Atomic Number, and Mass Number

Recall that Anna was wondering how atoms of carbon and hydrogen differ. What
is it about an atom of an element that distinguishes it from an atom of some
other element? The same scientists who identified the subatomic particles found
an answer to this question. They learned, for example, that all hydrogen atoms
contain just one proton, and that any atom containing just one proton is a hydrogen
atom. In a similar fashion, any atom that contains two protons is a helium atom. An
atom with three protons is a lithium atom, and so on. The number of protons in an

TABLE 2.1 | Subatomic Particles

Particle Mass (g) Actual Charge (C) Relative Charge
electron 9.1094 x 10728 -1.6022 x 107" 1-
proton 1.6726 x 1072 +1.6022 x 107" 1+

neutron 1.6749 x 1072 0 0
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atom’s nucleus determines the identity of that element. The number of protons in
the nucleus of each atom of an element is the atomic number (Z) of that element.
On the periodic table in this book, elements are shown with the atomic number just
above the element symbol, as shown for the element gold (Au) in Figure 2.10.

How can we determine the number of electrons and neutrons in an atom? Atoms
are electrically neutral. This means that the number of electrons in an atom equals the
number of protons—the atomic number. For example, the atomic number of gold
(Au) is 79, so an atom of gold has 79 protons and 79 electrons. Not all atoms of an
element contain the same number of neutrons, however. An isotope of an element is
an atom that contains a specific number of neutrons. For example, most hydrogen
atoms contain no neutrons. Their nucleus consists only of a single proton. Not all
hydrogen atoms are alike, however. Some contain one neutron and some even have
two. All three are isotopes of hydrogen. They are still hydrogen atoms because they
have one proton, but their nuclei differ in the number of neutrons (Figure 2.11). The
isotopes of an element have essentially identical chemical properties, but their physi-
cal properties, such as melting point and boiling point, may differ slightly.

One way to distinguish between isotopes is by their mass number. The mass
number (A) of an isotope is the sum of the number of protons (Z) and the number
of neutrons (N) in its nucleus:

Mass number = number of protons + number of neutrons
A=Z+N

The three isotopes of hydrogen have different mass numbers (A = 1, 2, and 3)
because they have different numbers of neutrons, also called the neutron number
(N =0, 1, and 2). The mass number is not an actual mass; it is a count of the number
of particles in the nucleus.

Example 2.1 shows how you can determine the atomic number and mass number
for an isotope of an element by looking at an atomic-level representation.

ining Atomic Number and Mass Number

For the atom represented in the following diagram,

(a) Determine the number of protons and neutrons.
(b) Identify the atomic number and the element.
(c) Determine the mass number for this isotope.

5 electrons

Expanded view

79
Au

FIGURE 2.10 The atomic number of
each element is indicated on the
periodic table in this book just above
the element symbol.

How does the existence of isotopes
make it necessary to change one of
Dalton’s postulates?

H iH iH
FIGURE 2.11 Isotopes of hydrogen
vary in the number of neutrons. In
these representations, the blue spheres
with a plus in them represent protons.
The red spheres represent neutrons.
How many neutrons are in each
isotope? What do the letters and
numbers below each diagram
represent?
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Solution:

(a) The protons and neutrons make up the nucleus. The protons are positively
charged. There are five protons. The neutrons have no charge. There are six
neutrons.

(b) The atomic number, the number of protons, is 5. From the periodic table we
see that the element with atomic number 5 is boron.

(c) The mass number, the sum of the protons and neutrons, is 11.

Practice Problem 2.1
For the atom represented in the following diagram,
(a) Determine the number of protons and neutrons.

(b) Identify the atomic number and the element.
(c) Determine the mass number for this isotope.

7 electrons

Expanded view

Further Practice: Questions 2.29 and 2.30 at the end of the chapter

As shown by Example 2.2, you can determine the number of each type of sub-
atomic particle when given both the atomic number and the mass number.

i's of Subatomic Particles

The only stable isotope of naturally occurring fluorine has a mass number of 19.
How many protons, electrons, and neutrons are in a fluorine atom?

Solution:

The periodic table shows the atomic number of fluorine is 9. Because the atomic
number is equal to the number of protons, the number of protons in a fluorine
atom is 9. The number of electrons in an atom equals the number of protons, so
fluorine has 9 electrons. The number of neutrons can be determined from the
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known mass number and known number of protons. The mass number, the total
number of protons and neutrons, is 19. There are 9 protons, so there must be 10
neutrons to give a mass number of 19.

Practice Problem 2.2

A rare isotope of carbon has a mass number of 14. How many protons, electrons,
and neutrons are in this isotope of carbon?

Further Practice: Questions 2.33 and 2.34 at the end of the chapter

The mass number and atomic number of an isotope are often represented by the
notation called an isotope symbol, as shown in Figure 2.12. In an isotope symbol,
X is the element symbol shown on the periodic table, A is the mass number, and Z
is the atomic number (number of protons). For example, the isotope symbol for the
isotope that contains one proton and no neutrons in its nucleus is JH, while hydro-
gen with one proton and one neutron is represented as 7H (see Figure 2.11). The
symbol for carbon with six protons and eight neutrons is '¢C. Because each element
can only have one atomic number Z, sometimes the atomic number is left off the
isotope symbol. For example, the isotope of carbon with eight neutrons can also
be represented as '“C. Other common representations use the name of the element
followed by the mass number (carbon-14), or the element symbol followed by the
mass number (C-14).

Isotope Symbols

Write two representations for the following isotope.

3 electrons

Expanded view

Solution:

There are three protons, so the atomic number is 3, corresponding to the ele-
ment lithium (Li). There are four neutrons, so the mass number is 7, the sum of
the protons and neutrons. This isotope can be represented as 4Li, 'Li, lithium-7,
or Li-7.

Mass number
(number of
protons + neutrons)

AN

A
X— Element symbol
Z

Atomic number
(number of protons)

FIGURE 2.12 An isotope symbol
consists of the element symbol with a
subscript to denote the number of
protons and a superscript to denote
the sum of the number of protons and
neutrons, the mass number.
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Practice Problem 2.3
Write two representations for the following isotope.

2 electrons

Expanded view

Further Practice: Questions 2.35 and 2.36 at the end of the chapter

As shown by Example 2.4, you can determine the number of neutrons in an
atom from its isotope symbol.

eting Isotope Symbols

Determine the number of neutrons in each of the following isotopes.
(a) U (b) ¥Na (c) hydrogen-3

Solution:

The number of neutrons is equal to the difference between the mass number (A)
and the atomic number (Z). If the atomic number is not given in the symbol, look
on the periodic table for the number that appears above the element symbol.

(a) 238 — 92 = 146 neutrons
(b) 23 — 11 = 12 neutrons
(¢) 3 -1 =2 neutrons

Practice Problem 2.4

Determine the number of neutrons in each of the following isotopes.
(a) 21 (b) ¥'Cl1 (c) carbon-13

Further Practice: Questions 2.37 and 2.38 at the end of the chapter

The isotope of hydrogen that has a mass number of 2 (}H) has a special name,
deuterium. Deuterium (sometimes represented by the symbol D) accounts for less
than 1% of naturally occurring hydrogen. It is used frequently by chemists to
observe specific hydrogen atoms in experiments. When deuterium (D,) combines
with oxygen, deuterated water (D,0) forms. It behaves chemically just like ordinary
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water, but it has different physical properties. The photo in Figure 2.13 shows two
ice cubes in water. One ice cube is made of H,O and the other of D,O. What property
is different for these ice cubes?

Since one ice cube sinks and the other does not, we can conclude that they have
different densities. Deuterated water (D,0) is denser than H,O because deuterium
has two particles in its nucleus and hydrogen-1 only has one. In its solid state, the
density of D,O is greater than 1, so it sinks in water. For this reason D,0 is some-
times called heavy water.

Isotopes have been extensively applied in various fields, from archeology to
medicine to art. Radioactive isotopes (those that emit radiation) can be used to
date objects of archeological or geological significance or to generate electricity.
Radioactive isotopes can be used in lightweight portable power packs, such as those
on space vehicles or in heart pacemakers. Isotopes find extensive use in medical
studies. For example, thyroid problems can be diagnosed by ingestion of radioac-
tive I-131. Isotopes can be used to treat cancer as well as to detect it. A higher dose
of I-131 destroys thyroid tumors. Isotopes don’t always have to be radioactive to
be useful. The techniques known as nuclear magnetic resonance or magnetic reso-
nance imaging locate hydrogen-1 atoms for the purpose of determining molecular
structures, or for imaging body parts. In a technique known as neutron activation FIGURE 2.13 Which ice cube
analysis, isotopes can be detected in a nondestructive analysis of objects such asold  contains deuterium (hydrogen-2)?
paintings and other valuable works of art to determine whether the distribution of =~ How can you tell?
elements is like those in common use by a supposed artist, thereby authenticating
the painting.

I 2.3 | IONS

In the introduction, Megan was interested in the essential minerals that our bodies
need. She noted that the minerals we consume in our food are mostly metal elements
in their ion (electrically charged) form. She was especially interested in sodium
because her doctor told her to reduce it in her diet. Dietary sodium, found in large
quantities in snack foods and sports drinks, is also in an ion form. How are ions dif-
ferent from neutral atoms?

In a neutral (uncharged) atom, the number of electrons equals the number of
protons, so the overall charge on the atom is zero. This is because the negative
charge on each electron is equal in magnitude and opposite in sign to the positive
charge on each proton. What happens when the protons and electrons are not equal?
Then the overall charge is not zero. The overall charge is positive if the atom con-
tains fewer electrons than protons. It is negative if there are more electrons than
protons. When an atom contains more or less electrons than protons, it has a charge
and is called an ion.

Many elements exist naturally as ions. The elements sodium and calcium, for
example, are generally not found in nature as neutral atoms. Instead, they exist as
ions—either combined with other ions in compounds or dissolved in water. Seawa-
ter, for example, contains dissolved sodium and calcium ions along with chloride
ions. Supplies of elemental sodium and calcium that contain neutral atoms are
made from the naturally occurring ionic forms by chemical reactions. Some ele-
ments, such as gold, do exist naturally as neutral atoms, but can be made into ions
by chemical reactions.

Ions can be classified as cations or anions. A cation is a positively charged ion
that contains fewer electrons than the number of protons in the nucleus. The overall
charge is represented as a superscript to the right of the element symbol. An example
is a calcium ion, Ca**, which contains 20 protons and only 18 electrons. An anion is
a negatively charged ion that contains more electrons than the number of protons in
the nucleus. An example is CI7, which contains 17 protons and 18 electrons.
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Ions do not form by gaining

or losing protons or neutrons.
Changing the number of protons
would change the identity of the
element! This does not occur under
conditions other than nuclear
reactions.

12 protons
12 neutrons

12 protons
12 neutrons

. —_— .
12 electrons 10 electrons

Mg atom Mg?* cation
A
7 protons 7 protons
7 neutrons 7 neutrons

. —_— .
7 electrons 10 electrons
N atom N3 anion
B

FIGURE 2.14 1n an ion, the numbers of protons and electrons are not equal. (A) The cation
Mg?** forms when a magnesium atom loses two electrons. (B) The anion N*~ forms when a
nitrogen atom gains three electrons.

Although many ions exist naturally, they can also be formed from their neutral
atoms. When a magnesium atom loses two electrons, it forms a Mg?* cation. When
a nitrogen atom gains three electrons, it forms an N°~ anion. Figure 2.14 shows the
formation of cations and anions from neutral atoms. The charge on the ion is the net
charge that results from unequal numbers of protons and electrons. As shown in
Example 2.5, an ion symbol lets us determine the number of protons and electrons
in the ion.

How many protons and electrons compose the following ions? Identify each as
a cation or anion.

(a) Na* (b) O* (c) Cr**

Solution:

(a) The number of protons is determined from the atomic number. The atomic
number of sodium is 11, so there are 11 protons in Na*. It has a positive
charge because it does not have enough electrons to balance the positive



charges from the protons. A 1+ charge shows that there is one less electron
than the number of protons, so its total number of electrons must be 10. The
Na* ion is a cation because it is positively charged.

(b) The atomic number for oxygen is 8, so there are 8 protons. A negative charge
results when there are more electrons than protons. Since the charge is 2—,
there are two more electrons than protons, so there are 10 electrons. The o>
ion is an anion because it is negatively charged.

(c) The atomic number of chromium is 24, so there are 24 protons in Cr’*. A 3+
charge indicates that there are three fewer electrons than the number of pro-
tons, so there are 21 electrons. The Cr** ion is a cation because it is positively
charged.

Practice Problem 2.5

How many protons and electrons compose the following ions? Identify each as
a cation or anion.

(a) F~ (b) Mg () N*

Further Practice: Questions 2.49 and 2.50 at the end of the chapter

If we know the number of protons and electrons in an ion, we can write an ion
symbol for it. If we also know the number of neutrons, we can write a combination
isotope-ion symbol by writing an isotope symbol and adding the overall charge as
the right-hand superscript. This is shown in Example 2.6.

Isotope Symbols for lons

Write the isotope symbols for ions that have the following numbers of protons,
neutrons, and electrons.

(a) 35 protons, 44 neutrons, and 36 electrons
(b) 13 protons, 14 neutrons, and 10 electrons
(c) 47 protons, 62 neutrons, and 46 electrons

Solution:

(a) The atomic number (the number of protons) is 35, indicating the element
symbol is Br. The mass number is the sum of the protons and neutrons, which
is 79. The charge is 1— because there is one more electron than protons. The
symbol is JeBr".

(b) The atomic number is 13, so the element symbol is Al. The mass number is
27. The charge is 3+ because there are three fewer electrons than protons.
The symbol is A",

(c) The atomic number is 47, so the element is silver (Ag). The mass number is
109. The charge is 1+ because the number of electrons is one less than the
number of protons. The symbol is '$Ag™.

Practice Problem 2.6

Write the isotope symbols for ions that have the following numbers of protons,
neutrons, and electrons.

(a) 16 protons, 18 neutrons, and 18 electrons
(b) 11 protons, 12 neutrons, and 10 electrons
(c) 20 protons, 20 neutrons, and 18 electrons

Further Practice: Questions 2.51 and 2.52 at the end of the chapter

2.3
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The term relative atomic mass is
used by the International Union

of Pure and Applied Chemistry
(IUPAC), the worldwide governing
body that determines official names
in chemistry. Relative atomic mass
is used to describe the weighted
average of the atomic masses of the
isotopes that compose an element
as it is found in nature. This term

is synonymous with the older

term atomic weight, which is still
commonly used.
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l 2.4 | ATOMIC MASS

How can we describe the mass of an atom of an element? Although single atoms
cannot be weighed on a balance, modern techniques such as mass spectrometry
(Figure 2.15) can be used to determine individual atomic masses accurately. For
example, the mass of a single hydrogen-1 atom is 1.67380 x 10* g. The mass of a
carbon-12 atom is 1.99272 x 107> g, about 12 times the mass of a hydrogen-1 atom.
Numbers as small as these are difficult to remember and use. It is more convenient to
think of a carbon-12 atom as being about 12 times the mass of a hydrogen-1 atom.
For this reason, scientists have devised a method for expressing masses of atoms
in a more convenient way. They use the atomic mass unit (amu). This mass scale
uses carbon-12 (*2C), the most abundant isotope of carbon, as the standard to which
all other atoms are compared. Carbon-12 is assigned an atomic mass of exactly
12 atomic mass units, or 12 amu. One atomic mass unit (amu) is equal to one-
twelfth the mass of a carbon-12 atom:

1 amu = 5 x mass of 1 C-12 atom = 1.6606 X 10> g

Atomic mass units make it easy to compare masses of atoms. For example, if
a carbon atom has a mass 12 times that of a hydrogen atom, then the mass of the
hydrogen atom is about 1 amu. A hydrogen-2 atom is one-sixth the mass of the
carbon-12 atom, so it has a mass of approximately 2 amu. A hydrogen-3 atom is
one-fourth the mass of a carbon atom, so its mass is approximately 3 amu.

Note that there are three different, naturally occurring isotopes of hydrogen,
each with a different mass. How do we describe the mass of the atoms in a sample
of an element if it is composed of isotopes of different masses? From mass spec-
trometry (Figure 2.15), we can find the mass of each isotope and measure how much
of each is present in a sample. This allows us to take a weighted average. The
average of the mass of the individual isotopes, taking into account the naturally
occurring relative abundance of each, is the relative atomic mass of the element.
The relative atomic mass of hydrogen, to four significant figures, is 1.008 amu. The
relative atomic mass of hydrogen is closer to that of hydrogen-1 than the other iso-
topes because the hydrogen-1 isotope is present in the largest abundance (99.99%)

Detector

Lightest particles
in the sample

Charged
particle
beams

Heaviest particles (90.5%)
in the sample 8 80
3
@ Magnetic field separates particles E 601
according to their mass/charge ratio & 40
= L
[
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= Ne' (9.2%)
03%) |
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FIGURE 2.15 A mass spectrometer measures the masses of individual atoms. Electrons are removed from atoms (or molecules) to produce
ions that are accelerated through a magnetic field. The degree of bending in the path of the ions is related to the mass and the charge of the
ions. Mass spectrometry is also used to determine the relative amounts of different isotopes in a sample of an element.



in Earth’s crust and atmosphere. The relative atomic mass of carbon is 12.01 amu
because carbon-12 is most abundant (98.93%), with smaller amounts of carbon-13
and carbon-14.

To find the relative amounts of each isotope present in a sample using a mass
spectrometer, samples of an element from many parts of the world are analyzed.
The percent abundance of each isotope is determined and an average is taken. The
relative abundances from many different locations are similar.

On the periodic table on the inside front cover of this book, the relative atomic
mass of each element is listed below its element symbol. Elements such as hydrogen
and carbon have relative atomic mass values very close to the mass of a particular
isotope. Others, like silver (Ag), have relative atomic mass values that are aver-
ages based on significant contributions from more than one isotope. For example,
natural silver has a relative atomic mass of 107.9 amu (Figure 2.16). At first it may
seem that natural silver is composed mostly of the isotope '®*Ag. However, silver
has been found to consist of two naturally occurring isotopes with different percent
abundances: 51.82% '"’Ag and 48.18% '®Ag. The exact mass of '“’Ag is mea-
sured with a mass spectrometer to be 106.9051 amu, and the exact mass of '“Ag
is 108.9048 amu. To obtain the relative atomic mass of silver, we calculate the
weighted average using the masses of Ag-107 and Ag-109. To do this, we multi-
ply the mass of each isotope by its relative abundance, expressed in decimal form
(percent divided by 100). This gives the mass contribution from each isotope.
Summing the mass contributions gives the weighted average, which is the relative
atomic mass listed on the periodic table:

Isotope mass X abundance = mass contribution from isotope
7Ag 106.9051 amu x 0.5182 = 55.40 amu
%A ¢ 108.9048 amu x 0.4818 = 52.47 amu

107.87 amu (relative atomic mass of Ag)

The relative atomic mass of silver listed on the periodic table is 107.9 amu, rounded
to four significant figures.

If only two major isotopes comprise an element, we can usually determine
which isotope is most abundant by referring to the relative atomic mass of the
element on the periodic table. This is shown in Example 2.7.

ive Atomic Mass

Naturally occurring chlorine consists of *Cl (34.9689 amu) and *'Cl
(36.9659 amu). Which isotope is most abundant?

Solution:

The relative atomic mass of chlorine is 35.45 amu, as shown on the periodic table.
Since the relative atomic mass is closer to the mass of *>Cl (34.9689 amu) than
the mass of *’C1 (36.9659 amu), the *Cl isotope must be most abundant. (The
actual percentages are 75.77% **Cl and 24.23% *'CL.)

Practice Problem 2.7

The copper mined from Earth’s crust consists of ®*Cu (62.93 amu) and *Cu
(64.93 amu). Which isotope is most abundant?

Further Practice: Questions 2.75 and 2.76 at the end of the chapter

Example 2.8 gives you practice calculating the relative atomic mass for an
element given the masses and percent abundances of its isotopes.

2.4 Atomic Mass

FIGURE 2.16 The relative atomic
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EXAMPLE 2.8 | ating Relative Atomic Mass

The element magnesium is composed of three isotopes: magnesium-24, magne-
sium-25, and magnesium-26. The mass and percent abundance of each are listed
in the following table. Calculate the relative atomic mass of magnesium, and
compare your calculated value to the value in the periodic table.

Isotope Mass (amu) Natural Abundance (%)

Mg 23.985 78.99

Mg 24.986 10.00

Mg 25.983 11.01
Solution:

To determine the mass contribution of each isotope, multiply its mass by its per-
cent abundance in decimal form. To find the relative atomic mass, total the mass
contributions of the isotopes:

Mg 23.985 amu x 0.7899 = 18.95 amu
Mg 24.986 amu x 0.1000 = 2.500 amu
Mg 25.983 amu x 0.1101 = 2.861 amu
24.31 amu (calculated relative atomic mass)

The calculated relative atomic mass, 24.31 amu, is the same as that on the peri-
odic table to four significant figures.

Practice Problem 2.8

The element lithium is composed of two isotopes, lithium-6 and lithium-7. The
mass and percent abundance of each is listed in the following table. Calculate the
relative atomic mass of lithium, and then compare your answer to the value listed
on the periodic table.

Isotope Mass (amu) Natural Abundance (%)
°Li 6.01512 7.590
Li 7.01600 92.41

Further Practice: Questions 2.77 and 2.78 at the end of the chapter

The mass of an isotope, as measured by mass spectrometry, is similar in value
to its mass number. A magnesium-24 atom, for example, has a mass of 23.985 amu.
Its mass number, 24, is a whole number that is close to its atomic mass. Remember
that the mass number is not an actual mass; it is a count of the number of particles
in the nucleus. The mass of an atom must be measured. Because the mass number
and the atomic mass of an isotope are always similar in value, for convenience we
often approximate the mass of an isotope as a whole number that is also its mass
number. The approximate mass of a magnesium-24 atom, therefore, is about 24
amu. Its more exact mass (23.985 amu) is measured experimentally and is provided
in published data tables.

We use relative atomic mass when we refer to an “average atom” of an element,
or a group of atoms. For example, the mass of 100 magnesium atoms can be deter-
mined by multiplying 100 atoms by the relative atomic mass of magnesium, 24.31
amu per atom, to get a total mass of 2431 amu. What is the mass of 1000 lithium
atoms?
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! 2.5 | THE PERIODIC TABLE

As Anna continued her historical research, she read about the Russian scientist
Dmitri Mendeleev. He developed and published the basic arrangement of the peri-
odic table between 1869 and 1871 (Figure 2.17), decades before the discovery of
protons. Mendeleev did not arrange the elements in order of atomic number. He
arranged the 63 known elements in order of increasing relative atomic mass, and he
grouped elements with similar properties into columns and rows so that the proper-
ties of the elements varied in a regular pattern (periodically). Once he arranged all
of the elements that were known, he predicted the existence and properties of three
elements that were unknown at the time: gallium (Ga), scandium (Sc), and germa-
nium (Ge). He also placed two pairs of elements (Co/Ni and Te/I) in an order that
did not match their relative atomic masses. Using what he thought was the correct
order based on the properties of these elements, Mendeleev thought that their calcu-
lated relative atomic mass values must be in error. We now know that the periodicity
of the properties of the elements occurs in the order of atomic number (number of
protons), not relative atomic mass.

Classification of Elements

The modern version of the periodic table, in which all the known elements are
arranged in columns and rows to emphasize periodic properties, is shown in Figure
2.18 and on the inside front cover of this book. In the periodic table, the elements
are in the order of their atomic number (number of protons) from smallest to largest.
There are many ways to use the classification system the periodic table provides. One
way is to look at elements in the same vertical column. Because they have similar
properties, we call them a family or a group. Each group has a Roman numeral (I
through VIII) and a letter (A or B) associated with it. A newer system (shown in
parentheses after the Roman numeral/letter combination) uses only Arabic numbers
(1 through 18) to designate each group.

A horizontal row of elements in the periodic table is a period. Elements in
the same period have properties that tend to vary in a regular fashion. Periods are
labeled with numbers (1 through 7). Figure 2.19 shows a picture of elements in
period 3 and in group VA (15). Note the gradual variation in the physical appearance
of these elements.

Look for the stair-step line that begins at boron and moves down the periodic
table to astatine. This line separates the metals (to its left) from the nonmetals (to its
right). (The properties of metals and nonmetals were discussed in Chapter 1.)

Metalloids such as silicon and
germanium are commonly used in
semiconductor devices.

Ti= 50 Zr= 90 ?=180 FIGURE 2.17 Mendeleev based his
V=51 Nb = 94 Ta=182 original periodic table on the elements that
Cr= 52 Mo = 96 W =186 . .
Mo 55 Rh=1044 Pt=1974 were known at the time. He used it to
Fe= 56 Ru = 104,4 Ir = 198 predict the existence of other, then
Ni=Co= 59 Pd=106,6 Os=199 unknown, elements. The numbers
H=1 Cu= 634 Ag=108  Hg=200 accompanying the element symbols are
BE : 1?'4 Mpﬁ : %g 1 ZI; : 222 %3 - H‘é Au<197? relative atomic mass values that were
C-12  Si-28 2= 70 Sn-118 ' known at the time.
N=14 P=31 As= 75  Sb=122 Bi = 2107
0=16 S=32 Se= 794 Te=128?
F=19 Cl=355 Br= 80 J=127
Li=7 Na=23 K=39 Rb= 854 Cs=133 Ti=204
Ca=40 Sr= 87,6 Ba=137 Pb =207

?=45 Ce= 92
?Er = 56 La= 94
?Yt = 60 Di= 95
?In=75,6 Th=118?
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FIGURE 2.18 The periodic table helps us to classify elements in a variety of ways.

FIGURE 2.19 The physical appearance of elements close to each other in the 5

Period 3

Group VA (15)
{ 7
| boX

same group or period are similar. Their properties vary gradually from one end
of the group or period to the other.
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FIGURE 2.20 The metals, on the left side of the periodic table, have a shiny appearance. They
are malleable and ductile (can be pulled into thin wires). They conduct heat and electricity. The
nonmetals, on the right side of the periodic table, are gases, liquids, or powder or crystalline
solids. They are insulators (nonconductors of heat and electricity). The metalloids have
properties between the metals and the nonmetals.

A metalloid, or semimetal, is an element that has physical properties resembling a
metal but chemical reactivity more like that of a nonmetal. The metalloids, identified
by green boxes, lie along the stair-step line. Some metals, nonmetals, and metalloids
are shown in Figure 2.20.

Any element in one of the eight groups labeled with the letter A is a main-
group element, or a representative element. An element in any of the 10 groups
labeled with the letter B is a transition metal. The 14 members of the lan-
thanide and actinide series of elements are usually placed on separate lines at the
bottom of the table to conserve space, but they belong immediately after elements
La (Z=57) and Ac (Z = 89), respectively. Any lanthanide or actinide element is an
inner-transition metal.

Several of the groups have descriptive names that are frequently used instead
of their group numbers. Any member of group IA (1), except hydrogen, is an
alkali metal. Any element in group IIA (2) is an alkaline earth metal. An
element in group VIIA (17) is a halogen. On the far right are the group VIIIA
(18) elements. An element in this group is called a noble gas. These names
remind us that elements in a group display similar properties. The alkali metals,
for example, are said to be reactive. This means they react readily with many
other elements and compounds, including water (Figure 2.21). The alkaline earth
metals are less reactive than the alkali metals, but are more reactive than most of
the transition metals.

The halogens are similar in several ways. One is that they occur as elements
in the form of diatomic molecules. A diatomic molecule is a molecule consisting
of two atoms. When we represent the halogens as elements, we use a subscript to
show that they are diatomic molecules: F,, Cl,, Br,, I,. Other elements that exist
naturally as diatomic molecules are hydrogen (H,), oxygen (O,), and nitrogen
(N,). Elements that occur as diatomic molecules are shown in Figure 2.22.

The noble gases are unique in that they exist naturally in their elemental form
as single atoms. They are said to be inert; that is, they do not react chemically with
other elements or compounds. The noble gases were not known until the late 1800s,
although many of them rank as highly abundant elements in the universe and in
Earth’s atmosphere. As you will learn later, the unique stability of the noble gases
helps us understand the chemical reactivity of other elements.
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FIGURE 2.21 Potassium, an alkali
metal, reacts violently with water,
producing flammable hydrogen gas.

I— Transition Halogens
Alkaline ™S
earth metals
Alkali Noble
metals gases

@ ANIMATION: Properties of Alkali and
Alkaline Earth Materials

7 g
N 0
- s

8886 ¢

FIGURE 2.22 Seven elements occur
as diatomic molecules.
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The alkali metals (group IA) got
their name because they react with
water to form an alkaline (basic)
solution. The word alkali comes
from Arabic and means “ashes,” the
material that was originally used to
make alkaline solutions. The name
for the alkaline earth metals (group
ITIA) is derived from their presence
in metal oxides, which were once
called earths.

Astatine (At), a halogen, is found in
very small amounts in Earth’s crust.
It is radioactive and very short
lived. Since astatine has properties
most similar to iodine, scientists
believe astatine also exists as
diatomic molecules.

Although no compounds of noble
gases exist naturally, a few stable
compounds of krypton and of
xenon have been prepared. A few
compounds of argon are known,
but they are stable only at low tem-
peratures. This picture shows one
synthetic compound of a noble gas,
XeF,, adhering to the interior of the
reaction vessel.

EXAMPLE 2.9

Classify each of the following elements by group number, group name (if appli-
cable), and period, and as a metal, nonmetal, or metalloid.

(a) sodium (b) silicon (c) bromine (d) copper

Solution:

(a) Naisin group IA (1), the alkali metal group, and in period 3, and is a metal.
(b) Siisin group IVA (14) and in period 3, and is a metalloid.

(c¢) Brisin group VIIA (17), the halogen group, and in period 4, and is a nonmetal.
(d) Cuisin group IB (11), a transition metal group, and in period 4, and is a metal.

Practice Problem 2.9

Identify the element that is described.

(a) the element that is in group VA (15) and in period 2, and is a nonmetal

(b) the element that is a noble gas and in period 3, and is a nonmetal

(c) the element that is an alkaline earth metal and in period 4

(d) the element that is in group IB (11), is a transition metal, and is in period 5

Further Practice: Questions 2.85 and 2.86 at the end of the chapter

lons and the Periodic Table

In Section 2.3, we saw that ions have charges because they have a different number
of electrons than there are protons in the nucleus. Megan noticed that some of the
essential nutritional elements are ions that have the same charge. For example,
sodium and potassium both exist as ions with a 1+ charge. Similarly, calcium and
magnesium exist as 2+ ions. She found out that the pattern is no coincidence. The
position of an element in the periodic table helps us to predict the charge on its ion.
To understand this trend, let’s start by looking at the elements that do not form
ions—the noble gases, group VIIIA (18).

The noble gases are the most stable—the least reactive—of all the elements.
Their stability is associated with the number of electrons they contain. To achieve a
similar stability, many atoms of the main-group elements gain or lose electrons to
form ions with the same electron count as the nearest noble gas. The nonmetals
usually gain electrons to form anions that have a noble gas electron count. Most
main-group metals lose electrons to form cations that have a noble gas electron
count. For example, a sodium atom, with 11 electrons, forms a Na* ion by losing one
electron. When it does, it has the same number of electrons as neon, 10. How many
electrons does a magnesium atom lose when it forms an ion? When oxygen forms
O” ions, each atom, with eight electrons, gains two electrons for a total of 10, like
neon. How many electrons will a nitrogen atom gain to form an ion?

Because elements in the same group have an electron count that differs from that
of the nearest noble gas by the same number, elements in the same group often form
ions of the same charge. Like sodium, all group IA (1) elements lose one electron to
form a cation with a charge of 1+. Group IIA (2) elements lose two electrons to form
cations with a charge of 2+. Aluminum atoms of group IIIA (3) lose three electrons
to form 3+ ions. Group VIIA (17) elements gain one electron to form anions with
a charge of 1-. Group VIA (16) elements gain two electrons to form anions with
a charge of 2—. Nitrogen and phosphorus of group VA (15) gain three electrons to
form anions with a charge of 3—. The charges for ions that can be predicted from the
periodic table are labeled on the abbreviated periodic table in Figure 2.23. Most of
the other elements form two or more different ions of different charges. The charges
of these ions cannot be predicted from the periodic table.



Write the symbol for the ion that each of the following elements is predicted to
form.

(a) magnesium (b) bromine (c) nitrogen

Solution:

These ions can be predicted by their positions in the periodic table.

(a) Magnesium is in group IIA (2), so it will lose two electrons to form Mg**,
giving it the same number of electrons as neon.

(b) Bromine is in group VIIA (17), so it will gain one electron to form Br~,
giving it the same number of electrons as krypton.

(c) Nitrogen is in group VA (15), so it will gain three electrons to form N*,
giving it the same number of electrons as neon.

Practice Problem 2.10

Write the symbol for the ion that each of the following elements is predicted to
form.

(a) lithium (b) sulfur (¢) aluminum

Further Practice: Questions 2.105 and 2.106 at the end of the chapter

In our bodies, ions usually exist dissolved in body fluids. Ions can also exist as
components of compounds. In Chapter 3 you will learn about these ionic compounds.
You will learn about their properties and how to name them. You will also learn how
to determine charges on ions that cannot be predicted from the periodic table.
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FIGURE 2.23 Many of the main-group elements form ions that have charges that can be predicted by their positions in the periodic table.

The ions shown here are sometimes called common ions because these elements rarely form ions of other charges.
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I SUMMARY

The acceptance of atomic theory by the scientific community in the early 1800s
paved the way for our current understanding of matter and its chemical and physical
properties. Dalton’s atomic theory was based on experimental evidence that sup-
ported what became the law of conservation of mass and the law of definite propor-
tions. Atoms are the building blocks of matter, and the differences among elements
result from differences in their atoms. During ordinary chemical reactions, atoms
rearrange to form new substances, but atoms are neither created nor destroyed.

Today’s understanding of subatomic particles began with experiments done in
the early 1900s. Protons and neutrons compose the nucleus of the atom and con-
tribute most to its mass. The mass number of an atom is the sum of the protons and
neutrons in its nucleus. Protons are positively charged, and the number of protons
is the atomic number (Z) of an element. Electrons are negatively charged particles
that exist in the large space outside the nucleus. In a neutral (uncharged) atom, the
number of protons and the number of electrons are equal. Atoms of the same element
have the same number of protons. Isotopes of an element differ in the number of
neutrons (and therefore mass number, A). Because isotope symbols always include
the mass number, the number of neutrons in an isotope can be determined.

Tons contain unequal numbers of protons and electrons and have a charge. lons
are formed by the gain or loss of electrons from a neutral atom. When electrons are
gained, negatively charged ions called anions form. Cations are positively charged
ions formed when electrons are lost from a neutral atom.

The mass of an atom is usually reported in atomic mass units (amu). Masses of
atoms have numerical values that are very close to the mass number for the isotope.
The relative atomic mass for an element is listed on the periodic table in this book
under the element symbol. It is the weighted average of the atomic masses of the
naturally occurring isotopes.

The periodic table provides specific information about the elements. Elements
with similar properties occur together in vertical columns called groups. We can also
classify elements as metals, nonmetals, and metalloids; or as main-group elements,
transition metals, lanthanides, or actinides. The arrangement of the periodic table
allows us to make predictions about the properties of elements, such as the charge
on the ion when it is formed from the element.

I KEY TERMS

alkali metal (2.5)

alkaline earth metal (2.5)
anion (2.3)

atomic mass unit (amu) (2.4)
atomic number (2.2)

cation (2.3)

Dalton’s atomic theory (2.1)
diatomic molecule (2.5)
electron (2.2)

family (2.5) law of definite proportions period (2.5)
group (2.5) (2.1) periodic table (2.5)
halogen (2.5) main-group element (2.5) proton (2.2)
inner-transition metal (2.5) mass number (2.2) relative atomic mass (2.4)
ion (2.3) metalloid (2.5) subatomic particle (2.2)
isotope (2.2) neutron (2.2) transition metal (2.5)
isotope symbol (2.2) neutron number (2.2)
law of conservation of mass noble gas (2.5)

2.1 nucleus (2.2)
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QUESTIONS AND PROBLEMS

The following questions and problems, except for those in the Additional Questions section are paired. Questions in a pair focus on the
same concept. Answers to the odd-numbered questions and problems are in Appendix D.

Matching Definitions with Key Terms

2.1 Match the key terms with the descriptions provided.

(a) an electrically neutral subatomic particle

(b) alaw stating that the mass of the substances
produced in a reaction equals the mass of the
substances that reacted

(c) apositively charged subatomic particle

(d) a member of one of the A groups of elements in the
periodic table

(e) the average mass of an atom of an element, taking
into account the masses and abundances of all the
naturally occurring isotopes

(f) the sum of the protons and neutrons in an atom

(g) an atom of an element with a specific number of
neutrons

(h) an ion with a positive charge

(i) any particle found within an atom

(j) any element in group IA (1)

(k) achart of all the known elements ordered by
increasing atomic number and arranged in columns
and rows to emphasize similar properties

2.2 Match the key terms with the descriptions provided.

(a) a member of one of the B groups of elements in the
periodic table

(b) alaw stating that all samples of a pure compound
always contain the same proportions of the
component elements

(c) anegatively charged subatomic particle

(d) an ion with a negative charge

(e) aneutral particle consisting of two bound atoms

(f) any element in group VIIIA (18)

(g) aset of elements in the same horizontal row in the
periodic table

(h) the number of protons in an atom

(i) the unit of mass used to describe single atoms or
small numbers of atomic particles, which is equal to
one-twelfth the mass of a carbon-12 atom

(j) aset of elements in the same vertical column in the
periodic table

(k) any element in group IIA (2)

(1) the central core of the atom, which contains the
protons and neutrons, and most of the mass of the
atom

Dalton’s Atomic Theory

2.3 Which laws did Dalton use to argue that matter consists
of atoms?

2.4 What modern technique allows us to “see” the surface of
atoms?

2.5  How does Dalton’s atomic theory describe atoms of
different elements?

2.6 How does Dalton’s atomic theory explain the law of
conservation of mass?

2.7  How does Dalton’s atomic theory explain the law of
definite proportions?

2.8  How does Dalton’s atomic theory explain the formation
of compounds from elements?

2.9  Does the following diagram represent a chemical reaction
that obeys the law of conservation of mass? If it does
not, how should the diagram be modified to represent the
reaction correctly?

" NH;
2 N2

2.10  Does the following diagram represent a chemical reaction
that obeys the law of conservation of mass? If it does
not, how should the diagram be modified to represent the
reaction correctly?

HCl

Structure of the Atom

2.11  Which experiment showed that all atoms contain
negatively charged particles with masses far less than the
mass of a hydrogen atom?

2.12  What information about the structure of the atom did
Rutherford’s gold foil experiment provide?

2.13  Which subatomic particles are negatively charged?
2.14  Which subatomic particles are positively charged?

2.15 Helium is used in balloons and blimps because of its
lifting power. Draw a nuclear model of a helium atom
with a mass number of 4 (helium-4). Show the locations
of the nucleus, protons, neutrons, and electrons. Indicate
the number of each type of subatomic particle.

2.16  Hydrogen-3 (tritium) is used as a tracer in chemical,
biological, and medical research. Draw a nuclear
model of a hydrogen atom with a mass number of 3
(hydrogen-3). Show the locations of the nucleus, protons,
neutrons, and electrons. Indicate the number of each type
of subatomic particle.
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2.19

2.20

221

222

2.23

2.24
2.25

2.26

227

2.28

2.29
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Which subatomic particle has approximately the same
mass as a proton?

Which of the following best describes about how many
times greater in mass a proton is than an electron: 200,
2000, or 20,0007

Explain why the mass of a carbon atom is about twice the
mass of the protons in a carbon atom. What accounts for
the difference in mass?

Which subatomic particle was discovered last? Why was
it difficult to detect?
What is the atomic number for each of the following
elements?

(a) hydrogen

(b) oxygen

(c) silver
How many protons are in each atom of each of the
following elements?

(a) helium

(b) argon

(c) lead
The number of which subatomic particle determines the
identity of an element?

How do isotopes of an element differ?

What information do you need to determine the atomic
number of an atom?

What information do you need to determine the mass
number of an atom?

Which of the following are always the same for atoms of
the same element?

(a) mass number

(b) atomic number

(c) neutron number

(d) mass of an atom

Which of the following are different for isotopes of an
element?

(a) mass number

(b) atomic number

(c) neutron number

(d) mass of an atom
Given the composition of the nuclei, what are the atomic
number, neutron number, and mass number of each
isotope of hydrogen shown?

2.30

231

2.32

Identify the element from the atom shown. What are the
atomic number, neutron number, and mass number of this
isotope?

8 electrons

Expanded view

What are the atomic number, neutron number, and mass
number of the following isotopes?

(a) AT (b) HAr (© #Ar
Identify the element from the atom shown. What are the
atomic number, neutron number, and mass number of this
isotope?

3 electrons

Expanded view



2.33

2.34

2.35

2.36

2.37

2.38

2.39

2.40

241

How many protons, neutrons, and electrons are in each of
the following?

(a) an oxygen atom with a mass number of 15

(b) a silver atom with a mass number of 109

(¢) achlorine atom with a mass number of 35

How many protons, neutrons, and electrons are in each of
the following?

(a) a hydrogen atom with a mass number of 1

(b) a magnesium atom with a mass number of 26

(c) alithium atom with a mass number of 6
What is the isotope symbol for atoms that contain the
following numbers of subatomic particles?

(a) 1 proton, 1 electron, and 2 neutrons

(b) 4 protons, 4 electrons, and 5 neutrons

(c) 15 protons, 15 electrons, and 16 neutrons

What is the isotope symbol for atoms that contain the
following numbers of subatomic particles?

(a) 2 protons and 1 neutron

(b) 47 protons and 62 neutrons

(c) 82 protons and 125 neutrons

How many protons and neutrons are in an atom
represented by the following?

(a) 5gFe

(b) 39K

(c) copper-65
How many protons and neutrons are in an atom
represented by the following?

() 'sB

(b) %Zn

(c) iodine-127
A study of blood flow in heart muscle uses nitrogen-13
incorporated into a chemical agent. How many protons
and neutrons are found in the N-13 nucleus?

Phosphorus-32 can be used to treat eye tumors. How
many protons and neutrons are found in the P-32 nucleus?

Complete the following table for the designated atoms.

Isotope Number of | Number of | Number of
Symbol Protons Neutrons Electrons
fiNa
25 31
10 8
OF

242

lons

243
2.44

2.45

2.46

247

2.48

2.49

2.50
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Complete the following table for the designated atoms.

Isotope Number of | Number of | Number of
Symbol Protons Neutrons Electrons
lgc
12 11
14 16
1451

How do an atom and an ion of the same element differ?

What changes when an ion forms from an atom, or when
an atom forms from an ion?

What forms when a neutral atom undergoes each of the
following changes?

(a) It gains one electron.

(b) It loses two electrons.
What forms when an ion with a 1+ charge undergoes each
of the following changes?

(a) It gains one electron.

(b) It loses two electrons.

Write the symbol for the ion that is formed after each of the
following changes. Identify each as a cation or an anion.

(a) A zinc atom loses two electrons.

(b) A phosphorus atom gains three electrons.
Write the symbol for the ion that is formed after each of
the following changes. Identify each ion as a cation or an
anion.

(a) A selenium atom gains two electrons.

(b) A mercury atom loses two electrons.

How many protons and electrons are found in each of the
following?

(a) Zn**

(b) F~

(c) H*
How many protons and electrons are found in each of the
following?

(a) P*-

(b) AI*

() O*



80

2.51

2.52

2.53

2.54

2.55

2.56

2.57

2.58

2.59

2.60
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Complete the following table.

Isotope Number of | Number of | Number of
Symbol Protons Neutrons Electrons
Cr

12 13 10

7 6 10
4002+

Complete the following table.

Isotope Number of | Number of | Number of
Symbol Protons Neutrons Electrons
$IBr

38 50 36

1 1 2
1H+

What element has 18 electrons when it forms a cation
with a 1+ charge?

What element has 18 electrons when it forms an anion
with a 2— charge?

What element has 27 electrons when it forms a cation
with a 2+ charge?

What element has 46 electrons when it forms a cation
with a 1+ charge?

How do "Li* and °Li each differ from a neutral lithium-7
atom? Which differs from lithium-7 by the greatest mass?

How do 7¢Br~ and $iBr differ in their numbers of
subatomic particles? Which should have the greater mass?

Potassium citrate is a compound found in some sparkling
beverages. The potassium in this compound is a cation
with a 1+ charge. How many protons are found in the
nucleus of a potassium ion? How many electrons surround
this nucleus?

Calcium citrate is a compound found in some calcium
supplement medications. The calcium in this compound
consists of ions containing 18 electrons. What is the
charge of the calcium ions? How many protons are found
in the nucleus of a calcium ion?

Atomic Mass

2.61
2.62

2.63

What is the basis for the atomic mass unit (amu) scale?

What is the mass of a carbon-12 atom on the amu scale?
Is this value exact or approximate?

What is the approximate mass, in atomic mass units, of
the following isotopes?

(a) H

(b) 53U

2.64

2.65

2.66

2.67

2.68

2.69

2.70

2.71

2.72

2.73

2.74

2.75

2.76

2.77

2.78

Estimate the combined mass (in atomic mass units) of ten
cobalt-59 atoms.

Approximately how much greater in mass is a D,
molecule than an H, molecule?

Approximately how much greater in mass is a D,0O
molecule than an H,O molecule? (Assume the oxygen
atoms have a mass number of 16.)

Approximately how much greater in mass is a krypton-80
atom than an argon-40 atom?

Approximately how much greater in mass is a
magnesium-24 atom than a carbon-12 atom?

Why do we use the amu mass scale instead of the gram
mass scale when discussing masses of atoms?

What is the relationship between grams and atomic mass
units? How many atomic mass units are in 1 g?

What is the difference between the mass of an atom and
the mass number of an atom?

Which isotope has exactly the same mass (in atomic mass
units) as its mass number?

How is the mass of an individual atom determined? How
do you determine the mass number of an atom?

Which of the following is most likely the mass of a
nickel-62 atom: 62.0000000 amu, 62.495654 amu,
61.5871338 amu, or 61.9283461 amu. Why?

Naturally occurring calcium is composed of two isotopes:
calcium-40 and calcium-44. Which isotope is most
abundant?

Naturally occurring silicon is composed mostly of one
isotope. Write its symbol.

An unknown element (X) discovered on a planet in
another galaxy was found to exist as two isotopes. Their
atomic masses and percent abundances are listed in the
following table. What is the relative atomic mass of the
element?

Natural
Isotope Mass (amu) Abundance (%)
2x 21.995 75.00
0% 19.996 25.00

Suppose that the isotope abundance of magnesium on
another planet has been determined to be different from
that on Earth, as shown in the following table. Calculate
the relative atomic mass of magnesium on this planet.

Natural
Isotope Mass (amu) Abundance (%)
Mg 23.985 20.00
BMg 24.985 20.00
Mg 25.983 60.00




2.79  The mass spectrum of nickel is shown.

100
80
. 58Ni+
- (67.88%)
8 .
g 60
=} .
=
2 i
<
é .
% 40
=" 1 GONF
N (26.23%)
20
| 62N+
i . Ni
61Nl+ 64Ni+
N (1.19%) (3'6I6%) (1.08%)
0 I I I T I I I I I
58 60 62 64
Mass/charge

(a) What is the most abundant isotope of nickel?

(b) What is the least abundant isotope of nickel?

(c) Will the relative atomic mass of nickel be closer to a
value of 58 or of 60?

(d) List the number of protons, electrons, and neutrons in
each of the ions shown in the mass spectrum.

2.80 The mass spectrum of magnesium is shown.

Percent abundance

100
80 __24Mg+
_| (78.70%)
60
40
20 25Mg+ 26Mg+ —
] (10.13%) (11.17 %)
0 ! I T l T T T 1
24 25 26
Mass/charge

(a) What is the most abundant isotope of magnesium?

(b) What is the least abundant isotope of magnesium?

(c) Will the relative atomic mass of magnesium be closer
to a value of 24 or 25 or 26?

(d) List the number of protons, electrons, and neutrons in
each of the ions shown in the mass spectrum.

2.81
2.82
2.83

2.84

Questions and Problems 81

What is the mass in amu of 1000 boron atoms?
What is the mass in amu of 1000 mercury atoms?

Which contains more atoms, 2500 amu of boron atoms or
2500 amu of mercury atoms?

A sample of pure silver and a sample of pure gold have
the same mass. Which contains the greatest number of
atoms?

The Periodic Table

2.85

2.86

2.87
2.88

2.89
2.90
291

2.92

2.93

2.94

Identify which of the elements Br, K, Mg, Al, Mn, and Ar
can be classified in each of the following ways.

(a) alkali metal

(b) halogen

(c) transition metal

(d) alkaline earth metal

(e) noble gas

(f) main-group element
Identify which of the elements He, Zn, Pb, I, Ca, and Na
can be classified in each of the following ways.

(a) alkali metal

(b) halogen

(¢) transition metal

(d) alkaline earth metal

(e) noble gas

(f) main-group element
Name the element that is a halogen in period 3.

Name the element that is an alkaline earth metal in
period 5.

What element is in group IVB (4) and in period 4?
What element is in group IVA (14) and in period 2?

Identify each of the following elements as a metal,
nonmetal, or metalloid.

(a) calcium

(b) carbon

(c) potassium

(d) silicon
Identify each of the following elements as a metal,
nonmetal, or metalloid.

(a) phosphorus

(b) chromium

(c) arsenic

(d) sodium
Identify the following elements as a main-group element,
transition metal, lanthanide, or actinide.

(a) oxygen

(b) magnesium

(c) tin

(d) uranium

(e) chromium

Identify the following elements as a main-group element,
transition metal, lanthanide, or actinide.

(a) sulfur

(b) iron

(c) plutonium

(d) calcium

(e) xenon
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2.95 In which group of the periodic table do all the elements
occur as diatomic molecules?

2.96 Seven elements occur as diatomic molecules. Write
molecular formulas for each.

2.97  Which of the following elements does not occur as a
diatomic molecule: nitrogen, fluorine, or neon?

2.98  Which of the following elements does not occur as a
diatomic molecule: sulfur, hydrogen, or oxygen?

2.99  In which group of the periodic table do all the elements
exist naturally as gases of uncombined atoms?

2.100 The noble gases are sometimes called “inert gases.” Why?
Why do they not form ions?

2.101 The ions of many of the main-group elements have the
same number of as the noble gas nearest to
them in the periodic table.

2.102 In which group of the periodic table do all the elements
not form ions?

2.103 Identify the groups of the periodic table in which all the
elements form ions of the charge indicated.
(a) 1+ cations
(b) 2+ cations
(c) 1—anions
(d) 2— anions
2.104 For each group listed, identify the charge on the ions that
they form.
(a) group VIA (16)
(b) halogens
(c) alkali metals
(d) group IIA (2)
2.105 For each element listed, write the symbol for the ion it
forms.
(a) sodium
(b) oxygen
(c) sulfur
(d) chlorine
(e) bromine
2.106 For each element listed, write the symbol for the ion it
forms.
(a) nitrogen
(b) phosphorus
(c) magnesium
(d) potassium
(e) aluminum

2.107 Sodium reacts vigorously with water to form hydrogen
gas and a compound containing sodium ions. Which other
elements are expected to react with water in a similar
way?

2.108 Chlorine gas reacts with potassium to form a compound
with properties similar to table salt. Which other elements
are expected to react with potassium in a similar way?

Additional Questions

2.109 When iron rusts, a compound forms with the formula
Fe,05;. When iron nails rust, should their mass increase,
decrease, or remain the same? Explain your answer.

2.110 Is the law of conservation of mass obeyed in the reaction
shown? Explain.

\Jd
u —)
o

0,

2.111 A 100-g sample of zinc sulfide contains 67.1 g zinc and
32.9 g sulfur. If a 1.34-g sample of zinc is heated with
excess sulfur, 2.00 g of zinc sulfide form. Show how these
data are in agreement with the law of definite proportions.

2.112 A 100-g sample of HgO contains 92.6 g mercury and
7.4 g oxygen. What mass of mercury atoms and what
mass of oxygen atoms are contained in any 100-g sample
of HgO?

2.113 What properties of electrons contributed to why they were
the first subatomic particles to be discovered?

2.114 What experimental evidence led to each of the following
advances in our understanding of atomic structure?
(a) discovery of the electron and its charge-to-mass ratio
(b) determination of the mass and charge of the electron
(c) the nuclear model of the atom
2.115 Which isotope has a mass number of 60 and an atomic
number of 287
2.116 Why is it impossible for an element to have a mass
number less than its atomic number?
2.117 How many protons and neutrons are in a potassium-39
atom?
2.118 What number of each type of subatomic particle is found
in most H* ions?
2.119 Explain why the relative atomic mass of cobalt is greater
than that of nickel, although the atomic number of nickel
is one greater than that of cobalt.

2.120 Which element has an isotope that has a mass
approximately three times greater than its most abundant
isotope?

2.121 Some tables list relative atomic mass to as many
significant figures as can be reported accurately. The
relative atomic mass of sulfur, 32.066 amu, is known to
five significant figures, while that of fluorine, 18.9984032
amu, is known to nine significant figures. Natural samples
of sulfur contain three isotopes, but natural samples of
fluorine contain only one. Explain why their relative
atomic masses differ in the number of significant figures
reported.

2.122 How many atoms are in each of the following samples of
carbon-12?

(a) 120 amu
(b) 12,000 amu
(c) 7.22 x 10* amu



2.123

2.124

2.125

2.126

2.127

Naturally occurring iodine is composed of only one
isotope. What is its mass number?
How many atoms are in each of the following samples of
naturally occurring iodine? (Iodine has only one naturally
occurring isotope.)

(a) 127 amu

(b) 12,700 amu

(c) 7.22 x 10* amu

A sample of pure carbon and a sample of pure iodine have
the same mass. Which has the greatest number of atoms?

Two equal-volume balloons contain the same number
of atoms. One contains helium and one contains argon.
Comment on the relative densities of the gases in these
balloons.

Naturally occurring boron comprises two isotopes,
boron-10 and boron-11. The atomic mass of boron-10 is
10.013 amu. The atomic mass of boron-11 is 11.009 amu.
Which of the following is the best estimate of the percent
abundance of each isotope of boron? Why?

50.0% boron-10 and 50.0% boron-11

20.0% boron-10 and 80.0% boron-11

80.0% boron-10 and 20.0% boron-11

95.0% boron-10 and 5.0% boron-11

5.0% boron-10 and 95.0% boron-11

2.128

2.129

2.130

2.131

2.132
2.133

2.134

Questions and Problems 83

Sodium metal reacts with water to form the compound
sodium hydroxide and hydrogen gas. What is the formula
for the hydrogen gas? Would you expect a similar reaction
when potassium is added to water? How about copper or
silver? Explain why.

Bromine is a reddish-brown liquid at room temperature.
Write the formula that represents liquid bromine.
Nitrogen and oxygen are the main components of the air
we breathe. Write formulas to represent these gases.
Which element is in group IA (1) but is not an alkali
metal?

Which element is the only nonmetal in group IVA (14)?
Why couldn’t we form a cation of an element by adding a
proton to its atom?

Compare and contrast Mendeleev’s periodic table with the
modern periodic table.
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ome students taking a chemistry course went on a canoe trip on a local river.

They collected water samples from several places along the river for analysis
back in their lab. As they paddled downstream, two of the students, Jeff and Megan,
began talking about all the different kinds of water they encounter in their daily
lives: bottled, mineral, mountain spring, seltzer, tonic, carbonated, lake, ocean,
pond, hard, soft, and more. In their precollege science courses, Jeff and Megan
recalled learning that water is one of the most important and abundant substances
on Earth’s surface and that it supports the existence of all living things on this planet.
As a liquid, it occurs in the rivers, lakes, and oceans that cover over 70% of Earth’s
surface. It is also found underground. Groundwater provides about three-fourths of
the water used by cities in the United States. Water also exists on Earth in solid form
as snow and ice at the polar ice caps and in other cold regions. It is found in the
atmosphere as gaseous water vapor and clouds.

The orange juice Jeff and Megan drank as they collected samples along the river
is mostly water. The salads they ate for lunch are mostly water, too; and because the
day was warm and humid, water vapor condensed on the outside of their iced tea
glasses. Before they left for the trip, they showered and brushed their teeth using
water. When they rode the bus to the canoe launch site, the vehicle released water
into the air from its exhaust pipe. The water formed as a product of combustion in
the engine. As they paddled the canoe, Megan and Jeff perspired. “Even our sweat
is mostly water,” Megan joked.

To a chemist, pure water exists as H,O molecules in which two hydrogen atoms
are connected to one oxygen atom (Figure 3.1). In this form, it is colorless, odorless,
and tasteless. In nature, water is rarely pure because it has the unique ability to dis-
solve so many other substances. One of Megan and Jeff’s assignments was to
analyze their water samples for various materials—suspended and dissolved—that
had been carried down the river.

To understand where those materials come from, let’s consider how water
makes its way from a cloud over Minnesota to the surface of Earth, across the land
to the Mississippi River, down the river to New Orleans and the Gulf of Mexico, and
ultimately out into the Atlantic Ocean. The water picks up many different substances
as it travels, such as minerals and organic matter that will later be absorbed or
ingested by plants and animals. Falling through the air as rain, it dissolves gases
from the atmosphere. As it percolates through the ground and runs down stream-
beds, it dissolves a variety of minerals and gases. As it flows in smaller rivers that
feed the Mississippi, it gathers more minerals. Finally it becomes “salty” as it mixes
with seawater in the Gulf of Mexico. Water from the surface enters the atmosphere
as puddles and ponds evaporate. Evaporation from rivers, lakes, and oceans also
contributes to atmospheric water. Transpiration (water loss) from plants adds water
to the atmosphere, too. In the air, gaseous water condenses to form clouds, begin-
ning the process all over again (Figure 3.2).
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The human body is about 70% water.

FIGURE 3.1 Pure water, to a chemist,
consists of two hydrogen atoms
attached to an oxygen atom.

FIGURE 3.2 Water is transported
from place to place on Earth in a
series of processes called the water
cycle. As water flows across the land
or falls through the air, many
substances end up suspended or
dissolved in it.
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How does dissolving differ from
melting?

From rain cloud to ocean, water is always in the form of a solution, with water
acting as the solvent. Numerous substances dissolved in the water provide nutrients
to plants and animals. For example, many of the minerals needed by living organ-
isms are present in water as ions. They include ions of iron, calcium, potassium, and
magnesium. The ability of water to dissolve other substances is very important.
Many of the topics we discuss throughout this book involve the chemical behavior
of substances dissolved in water.

Many of the substances that dissolve in water can be classified into categories
of chemical compounds. The categories vary greatly in their physical and chemical
properties. In this chapter we’ll examine the characteristics and behavior of these
compounds and look at different ways of naming them.

Questions for Consideration

3.1 How do ionic compounds differ from molecular compounds?

3.2 What kinds of ions are in ionic compounds?

3.3 What do formulas for ionic compounds represent?

3.4 How are ionic compounds named?

3.5 What do formulas for molecular compounds represent and how are they
named?

3.6 What are some common acids and bases and how are they named?

3.7 How do names of compounds communicate their classification and
properties?

| 3.1 | IONIC AND MOLECULAR COMPOUNDS

When they returned to the lab, Jeff and Megan performed several tests on their
samples, including one to determine the water’s electrical conductivity. They used
a simple device like that shown in Figure 3.3 to see if substances dissolved in the
river water allow a complete electric circuit to operate. Notice in Figure 3.3B the
snipped wire that leads down from the lightbulb. If the snipped wires were to touch,
the circuit would be complete and the bulb would glow. Another way of complet-
ing the circuit is to immerse the wires in a solution that conducts electricity. For an
electric current to pass through a solution, ions must be present.

A Circuit complete B Circuit not complete C Circuit complete

FIGURE 3.3 (A) When electricity flows around a complete circuit, the bulb lights. (B) Snip any
wire and the circuit is broken. (C) When the ends of the snipped wire are placed in a solution of
a substance that contains ions, the bulb glows again. This is a simple procedure for testing the
conductivity of a substance dissolved in water.
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A Pure water B Aqueous sugar solution C Aqueous NaCl solution

FIGURE 3.4 When electrical conductivity is tested with a lightbulb apparatus as shown in
Figure 3.3, (A) pure water and (B) a sugar solution do not appear to complete the circuit, but (C)
a sodium chloride solution does—the bulb glows.

Megan and Jeff determined that the water conducted an electric current. To
investigate further, they tested several different materials in their lab. Consider the
three images shown in Figure 3.4. When the electrical conductivity of pure water
is tested, the lightbulb does not glow. Pure water is not a good enough conductor to
complete the circuit, and neither is a solution of sugar in water. However, when elec-
tricity is passed through a sodium chloride, NaCl, solution, the bulb glows brightly.
For electric current to flow through an aqueous solution, ions must be present. NaCl
provides them, while pure water and sugar water do not—at least not in sufficient
quantities to carry the electric current. A substance like NaCl that releases ions when
dissolved in water is an electrolyte (Figure 3.5). One that does not, such as sugar,
is a nonelectrolyte. Electrolyte solutions conduct electricity, while nonelectrolyte
solutions do not.

We can be more specific by distinguishing among strong electrolytes, weak
electrolytes, and nonelectrolytes. Consider the solutions shown in Figure 3.6. Which
compounds appear to break apart as ions in solution? Do some of the compounds
produce more ions than others? The process by which a compound dissolves in
water to produce ions is called dissociation or ionization depending on the type
of compound dissolving. Because a strong electrolyte dissociates extensively in
water, it conducts electricity well. Notice in Figure 3.6 that sodium chloride, NaCl,
and hydrochloric acid, HCI, dissociate extensively. They are good conductors of
electricity. Other substances, such as acetic acid, CH;CO,H, dissociate only par-
tially in water. Such a substance does not conduct electricity well and is called a
weak electrolyte. The solution containing methanol, CH;OH, does not conduct
electricity. Methanol does not dissociate into ions at all. It is a nonelectrolyte.

Many experiments, including those conducted by Jeff and Megan, have shown
that, in general, compounds can be classified into two categories. An ionic com-
pound (sometimes generically referred to as a salf) consists of oppositely charged
cations and anions in proportions that give electrical neutrality. Ionic compounds are
easily identified because they usually consist of ions from a metal with ions from a
nonmetal. Sodium chloride, which is table salt, and is composed of Na*and C1” ions,
is an example of an ionic compound (Figure 3.7A). A molecular compound, on the

FIGURE 3.5 Sodium chloride, NaCl,
is an electrolyte because it separates
into ions when dissolved in water.

@ ANIMATION: Strong Electrolyte, Weak
Electrolyte, and Nonelectrolyte
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C 0,

FIGURE 3.7 Sodium chloride, NaCl,
is an ionic compound. Carbon
dioxide, CO,, is a molecular
compound. Elemental oxygen, O,,
is a molecular element.

Nitric acid

Hydrochloric Sodium
acid chloride
HCl1 NaCl

ClI
ClI

Acetic acid
CH;CO,H
Methanol
CH;0H

CH;0H

FIGURE 3.6 For each of the solutions, inspect the molecular-level images in which each type of
particle is labeled. If any of these substances dissociate into ions, separate particles of single
atoms (or atom groups) are visible. Which of the compounds dissociate completely in solution?
Which only partially dissociate? Which do not dissociate at all? The acids do not simply
dissociate, but form H;O" ions in solution.

other hand, is composed of atoms from two or more nonmetals. It exists as a discrete
unit of atoms held together in a molecule. Carbon dioxide, CO,, is a molecular com-
pound (Figure 3.7B), and O, is a molecular element (Figure 3.7C).

Based on their formulas, which of the following compounds are ionic?

(a) KCl1 (b) CO, (c) CaO (d) CCly

Solution:

We can determine if a compound is ionic by looking at the elements that compose

it. An ionic compound is usually composed of ions from a metal and a nonmetal.
Two of the compounds meet this criterion, KCI and CaO.

Practice Problem 3.1
Which of the compounds listed in the example are molecular?

Further Practice: Questions 3.7 and 3.8 at the end of the chapter
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FIGURE 3.8 In solid NaCl, the ions are arranged in a crystal lattice. Once sodium chloride dissolves
in water, the ions of sodium and chlorine separate and become surrounded by water molecules.

To see how ionic and molecular compounds differ, let’s first consider their
appearance and what happens to them in aqueous solution. Ionic compounds that
dissolve in water separate into the independent ions that make them up. When a
compound composed of ions separates into its component ions in water, the process
is described as dissociation. In contrast, molecular elements and compounds gener-
ally retain their molecular structure. The atoms contained in the molecule usually
stay together when the substance dissolves in water.

Notice in Figure 3.8 the ordered arrangement of cations and anions in the ionic
solid sodium chloride. This ordered arrangement is one type of solid structure called
a crystal structure or crystal lattice. The strong attraction between the oppositely
charged ions in an ionic compound—along with the pattern in which they arrange
themselves—gives ionic solids their unique properties. They are solids at room
temperature, have very high melting points, and are brittle.

The crystal lattice of ionic solids breaks down when they dissolve in water. The
solid dissociates into ions. Compare the molecular-level image of solid sodium
chloride in Figure 3.8 to the representation of it dissolved in water. How do the ions
of sodium and chlorine differ in the pictures?

We represent the process of sodium chloride dissolving with the equation

NaCl(s) —2» Na*(aq) + CI(aq)

where the H,O written above the arrow indicates that water participates in the
process but is not permanently changed. The (ag) after Na* and Cl1” indicates that
these ions are in aqueous solution.

In contrast to ionic compounds, most molecular compounds remain as mole-
cules when dissolved in water. When not in solution, molecular compounds can
be gas, liquid, or solid at room temperature. They have much lower melting and
boiling points than ionic compounds. Carbon dioxide, CO,, is a molecular com-
pound. Because carbon dioxide is composed of molecules of uncharged atoms, not
ions, its appearance and behavior are different from those of an ionic compound
(Figure 3.9). Molecular elements also differ from ionic compounds. For example,
elemental oxygen is diatomic; that is, it exists as two oxygen atoms bound together
in a molecule, represented as O,. When it dissolves in water, the oxygen atoms
remain together as a molecule (Figure 3.10).

&Y ANIMATION: Sodium Chioride
Dissolving in Water

Like charges repel. Opposite charges
attract.

Ozone is actually a triatomic oxygen
molecule, O;. The ozone layer
within the stratosphere (the atmo-
spheric layer that extends from 10

to 50 km above Earth) helps protect
living things on the surface by
absorbing much of the harmful ultra-
violet radiation in sunlight.
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FIGURE 3.10 Many molecular
substances such as oxygen, O,,
remain as intact molecules when
dissolved in water.

FIGURE 3.11 Strong attractive forces
between oppositely charged cations
and anions must be overcome for
solid NaCl to melt. Molecules of NH;
in the solid state are not held together
by oppositely charged particles.
Instead, weak forces between the NH;
molecules hold them together in the
crystal.

FIGURE 3.9 While molecular compounds like carbon dioxide are composed of molecules, not
ions, some can also form solids. At room temperature, CO, readily goes from the solid phase
directly to a gaseous state. (Other gas particles are not shown in the molecular-level image of the
gaseous state.)

Other differences between ionic and molecular compounds are summarized
in Table 3.1. To explain these differences, we can compare the molecular-level
structures of ionic and molecular compounds. For example, compare solid NaCl to
solid NH; in Figure 3.11 and imagine what is involved when these two compounds
melt. The process of melting for any substance requires the dispersion of the com-
ponents of the solid into a more random arrangement. In the case of NaCl, the
components are cations and anions, and its melting point is 801°C. In the case of
NHj;, the components are individual NH; molecules, and its melting point is only
—77.7°C. The greater heat energy required to melt the ionic compound indicates
that the force of attraction between oppositely charged ions is much stronger than
the attractive forces between molecules when they are in the solid state.

TABLE 3.1 | Properties of lonic and
Molecular Compounds Compared

Ionic Compounds Molecular Compounds
crystalline solid gas, liquid, or solid

hard, brittle solid soft solid

very high melting point low melting point

very high boiling point low boiling point

high density low density

strong electrolyte in aqueous solution weak electrolyte or nonelectrolyte in

aqueous solution

electrical conductivity good when compound  electrical conductivity poor in pure form
is molten
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rties of lonic and Molecular Compounds

Which would you expect to have the lower melting point, KCI or CCl,?

Solution:

Ionic compounds consist of oppositely charged ions that have a strong force of
attraction between them. These compounds require significantly higher tempera-
tures for melting. It would take a lot more energy to break apart the ions of KCl
than to separate CCl, molecules from each other, so CCl, should have the lower
melting point.

Practice Problem 3.2
Which would you expect to have the higher boiling point, KCI or CCl,?

Further Practice: Questions 3.9 and 3.10 at the end of the chapter

In Example 3.2, the compounds listed are composed of only two elements. They
are binary compounds. A binary compound is a compound containing atoms or
ions of only two elements. Many chemical compounds are binary. Some ionic com-
pounds contain atoms of two different nonmetals that form a single, binary ion.
You’ll learn more about these special ions in Section 3.2.

I 3.2 | MONATOMIC AND POLYATOMIC IONS

When Jeff and Megan tested their samples from the river, they discovered a lot
of sodium, magnesium, and iron in the water. These elements were not present in
the form of solid metals. They were dissolved in the water as cations. In addition,
Megan and Jeff found several anions. When they completely evaporated all the
water from a sample by boiling it off, a variety of compounds remained as a solid
residue in the flask. Most of them were ionic compounds.

Monatomic lons

To better understand the composition of ionic compounds, let’s look more closely at
the kinds of ions that make them up. In Chapter 2 we described how the charges on
the ions of some main-group elements can be predicted from their positions in the
periodic table. For example, find magnesium and sulfur in the periodic table. Based
on their positions, what charge would you expect for their ions? A magnesium atom
has two more electrons than an atom of its nearest noble gas, neon. A magnesium ion
will have the same number of electrons as a neon atom, which is two less than the
magnesium atom. We represent that ion as Mg>*. In contrast, a sulfur atom contains
two fewer electrons than the nearest noble gas, argon. A sulfur ion will have the
same number of electrons as an argon atom, which is two more than a sulfur atom.
A sulfur atom becomes negatively charged with two extra electrons, represented as
S*. The ions of magnesium and sulfur are monatomic. A monatomic ion is an ion
of a single atom.

Several common monatomic ions are shown in Figure 3.12. Many ions of the
main-group elements, those on the far left or far right of the periodic table, can
be predicted from their positions. However, the charges of ions for elements in
the middle, especially the transition metals, cannot be predicted from their group
numbers. These elements often form more than one kind of ion.

Nomenclature is a system of naming. To distinguish one chemical entity from
another, unique names are assigned to all elements, ions, and compounds. Just as

Binary compounds are composed
of only two elements, but often are
composed of more than two atoms
(e.g., N,Os).
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FIGURE 3.12 The charges on the common monatomic ions of many main-group elements correlate with the elements’ positions in the periodic
table. Charges on the other elements are not easily predicted from their positions. A few of the transition metals exhibit only one charge.

TABLE 3.2 | Common Monatomic lons

Formula Name Formula Name Formula Name

of Ion of Ion of Ion of Ion of Ion of Ion
o oxide ion AP aluminum ion K* potassium ion
Na* sodium ion Mg* magnesium ion F- fluoride ion
N* nitride ion cr chloride ion

elements have unique names and symbols, ionic compounds and ions have their own
names—and a special set of rules for correct naming. Several common monatomic
ions are listed in Table 3.2. Try to determine some of the rules that were used to
name them.

Did you figure out how to name ions? Did you determine when the —ide ending
is used and how to use it? Now try to apply your rules in Example 3.3.

Based on their positions in the periodic table, predict the charge, write the for-
mula, and name the ions that the following elements are expected to form.

(a) lithium
(b) sulfur

Solution:

(a) An atom of lithium is expected to lose one electron to have the same number as
helium. Its ion is represented with the formula Li* and is named lithium ion.

(b) Sulfur is expected to gain two electrons to have the same number as argon.
The representation for the ion of sulfur is S~ and is named sulfide ion.
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Practice Problem 3.3
Based on their positions in the periodic table, predict the charge, write the for-
mula, and name the ions that the following elements are expected to form.

(a) barium
(b) bromine

Further Practice: Questions 3.11 and 3.12 at the end of the chapter

If you had trouble establishing rules for naming ions, the following summary
may help. Monatomic anions are named as the first part of the element name (called
the root of the name) and —ide is added as a suffix. For example, S is known as
sulfide ion. Monatomic cations are not given special endings to their root names,
so we refer to them as an ion of their element name; for example, Na* is known as
sodium ion.

Polyatomic lons

Not all ions are monatomic. Some are composed of multiple atoms. A polyatomic
ion is an ion containing two or more atoms, usually of more than one element. An
example is the nitrate ion, NO;™. Nitrate ions are discrete units of three oxygen
atoms and one nitrogen atom, as represented in Figure 3.13. Although the formula
for nitrate ion might suggest that the oxygen atoms are attached to each other, they
are actually attached to a central nitrogen atom. This polyatomic ion bears a charge
of 1— because it has one more electron than the total number provided by the nitro-
gen and oxygen atoms.

The most common polyatomic ions are anions that contain oxygen attached to
some other element. Such an anion is called an oxoanion. Oxoanions are typically
combinations of oxygen with a nonmetal, although some contain metals. For a given
nonmetal, there are often two or more common oxoanions. When this is the case,
the two oxoanions differ in the number of oxygen atoms surrounding the nonmetal
atom. For example, there are two known oxoanions of sulfur, both with a 2— charge.
One contains a central sulfur atom with three oxygen atoms attached to it. The other
has a central sulfur atom with four oxygen atoms. These oxoanions are represented
in Figure 3.14 with the formulas SO;>" (sulfite ion) and SO,>" (sulfate ion).

Some water supplies contain a variety of aqueous ions, including sulfate, car-
bonate, phosphate, and chloride ions, as well as ions of calcium, magnesium, iron,
and aluminum. Water containing the cations Ca*, Mg2+, and sometimes Fe*, along
with anions such as CI, SO42*, and HCOy, is called hard water. When Megan and
Jeff boiled away their water samples, they noticed a residue left on the glassware.
They tested it and found that carbonate ions, CO;>", were present. The hard water
deposits were mostly metal carbonates, CaCO; and MgCO;. They had noticed
similar residues at home on cooking pans and drinking glasses from which water
had boiled or evaporated. Carbonate deposits also build up in pipes (Figure 3.15).
Although their formulas are more complex than those of binary compounds, CaCO;
and MgCO; behave like binary ionic compounds. When CaCO; dissolves in water,
Ca* and CO5> ions form (Figure 3.16). When the water is removed by evaporation
or boiling, metal carbonates in solid form stay behind.

Nearly all polyatomic ions are negatively charged. An exception is the common
polyatomic cation NH,* (called ammonium ion). Like monatomic ions, polyatomic
ions have their own rules for naming. Several common ones are shown in Table 3.3.
Can you figure out the rules used to name them?

Now apply your rules to naming the polyatomic ions in Example 3.4.

4

NO;~

FIGURE 3.13 In the nitrate ion, three
oxygen atoms surround one nitrogen
atom.

s
Sulfide

7))
-

S0,
Sulfite

SO,
Sulfate

FIGURE 3.14 Anions containing
sulfur differ in the number of oxygen
atoms attached to the sulfur. All have
a 2— charge.

In a formula for a binary molecular
compound or polyatomic ion, the
element present in the least amount
is usually central to the atoms of the
other element. The central atom is
usually listed first in the formula.

Many commercial and domestic
water-softening products and devices
are available for removing the Ca**,
Mg**, and Fe** ions in hard water.

FIGURE 3.15 Over time, solid buildup
of carbonates can close off pipes.
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Before After

FIGURE 3.16 A solution of CaCO, contains a small amount of Ca** and CO5> ions. Boiling
the water from the solution leaves behind solid deposits of calcium carbonate.

TABLE 3.3 | Common Oxoanions

Formula of Ion Name of Ion
NO;~ nitrate ion
NO,~ nitrite ion
SO, > sulfate ion
S0,* sulfite ion
ClO5~ chlorate ion
ClO,” chlorite ion

las and Names of Polyatomic lons

There are two oxoanions of arsenic. One has three oxygen atoms attached to an
arsenic atom and has a 3— charge. The other has the same charge and four oxygen
atoms attached to an arsenic atom. Write the formula for the arsenite ion.

Solution:

From Table 3.3 we can tell that for a particular nonmetal oxoanion, the one that
contains fewer oxygen atoms gets an —ife ending. We represent the arsenite ion
as AsO5>".

Practice Problem 3.4
Write the formula for the arsenate ion.

Further Practice: Questions 3.23 and 3.24 at the end of the chapter
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If you had trouble establishing rules for naming oxoanions, the following summary
may help. If there are only two oxoanions of an element, the one with the greater
number of oxygen atoms is named by combining the root of the nonmetal element
name and the ending —ate. The oxoanion with the lesser number of oxygen atoms uses
the ending —ite. Thus, sulfate is the sulfur oxoanion with the formula SO,>~ and sulfite
is the name of SO,”". Formulas and charges for several of the most common oxoanions
are shown in Figure 3.17. Do you see any patterns in the ions shown?

Some nonmetals form more than two oxoanions. For example, chlorine forms
four known oxoanions. They are named as before with the —ate or —ite suffixes.
However, the prefix per— is placed before the root of the element name and —ate is
added to the end for the oxoanion that contains the most oxygens. The prefix hypo—
and the ending —ife are used for the anion with the fewest oxygens. These, plus other
polyatomic ions whose names do not fit regular patterns, are listed in Table 3.4.

F
F~ fluoride

No oxoanions

0~ oxide
0, peroxide

N3~ nitride
NO;™ nitrate
NO, ™ nitrite

B
BO;> borate CO5>" carbonate

Si P S Cl

Si04* silicate P3 phosphide S% sulfide CI chloride
PO,>~ phosphate SO, sulfate ClO, perchlorate
SO, sulfite ClO;™ chlorate

ClO, chlorite
CIO™ hypochlorite
As Se Br
As* arsenide Se?” selenide Br~ bromide

Se0,>" selenate
Se0;%" selenite

AsO4> arsenate
AsO; arsenite

BrO, perbromate
BrO;~ bromate
BrO,  bromite
BrO™ hypobromite

Te I
TeO,* tellurate I" iodide
TeO,%" tellurite 10, periodate
105" iodate
10, iodite

10~ hypoiodite

TABLE 3.4 | Important Polyatomic lons

1- Ions 2—Tons
nitrate NO;~ chromate CrO,”
nitrite NO,” dichromate Cr,0,>
bicarbonate sulfate ok
(hydrogen carbonate) HCO;~ sulfite NoXa
perchlorate Clo,~ carbonate CO,>
chlorate ClO;y~ oxalate C,0,7
chlorite ClO, peroxide 0,
hypochlorite ClO™
cyanide CN~ S
hydroxide OH~ phosphate PO,*
acetate CH;CO,” borate BO;™
permanganate MnO,~

1+ Ion

ammonium NH,*

Too much nitrogen and phosphorus,
in the form of nitrates and phosphates,
in water—from fertilizers, sewage,

or livestock runoff—stimulates the
growth of algae. These algal growth
spurts, or blooms, soon die off.
Bacteria decompose the dead plants,
consuming oxygen in the process. The
reduction of dissolved oxygen

in the water kills fish and other
aquatic organisms.

FIGURE 3.17 Formulas and charges
of some monatomic anions and
oxoanions. Do you see any patterns?
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CH,

FIGURE 3.19 Ionic compounds such
as NaCl do not exist as discrete
molecules. The highlighted region of
the NaCl structure is the formula unit
for this compound. Molecular
compounds such as CH, do exist as a
discrete unit.

Carbonate ion
CO4>

FIGURE 3.18 Ionic compounds containing polyatomic ions such as calcium carbonate, CaCOs,
exist in a regular array of cations and anions. Notice the similarities between sodium chloride
and calcium carbonate.

In their solid form, ionic compounds exist in an organized array of alternating
positive and negative ions. Calcium carbonate, CaCQOj, the hard water residue that
is also a major component of limestone, is another example of an ionic compound.
Although its formula might suggest that it is nothing like sodium chloride, it does
have similar properties. It is composed of positive and negative ions: the calcium
ion, Ca”, and the carbonate ion, CO32‘. Notice in Figure 3.18 that calcium car-
bonate forms an ordered array of alternating cations and anions similar to sodium
chloride’s crystal lattice structure. Instead of a monatomic anion, the anion in this
case is CO;”". As indicated by the molecular-level representation, a polyatomic ion
behaves as a unit.

I 3.3 | FORMULAS FOR IONIC COMPOUNDS

Some of the ionic compounds that Megan and Jeff isolated from their river water
sample were MgCl,, NaNO;, CaSO,, and FeCl;. What do these formulas represent?
How are they determined? Whether in a solid or in solution, the ions that make up an
ionic compound do not exist as molecules. Contrast sodium chloride and methane in
Figure 3.19. The lattice structure of sodium and chloride ions is different from the
molecular structure of CH,. Methane exists as discrete molecules, each composed
of one carbon atom and four hydrogen atoms.

If ionic compounds don’t exist as molecules, then how can we write formulas
for them? Combinations of oppositely charged ions, either in solid form or in solu-
tion, are present in quantities that result in a net charge of zero. That is, the number
of positive charges equals the number of negative charges. Formulas for ionic com-
pounds are written to reflect this fact. The sum of the positive charges must equal
the sum of the negative charges:

Total positive charge + total negative charge

) . zero net charge
from cations from anions
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Based on their positions in the periodic table, we can predict that the charge on
sodium in an ionic compound is 1+ and the charge on chlorine in an ionic compound
is 1—. For the compound to be electrically neutral, the two ions have to be present
in a one-to-one ratio, or Na;Cl;. When there is only one of a given atom or ion in a
formula, the subscript 1 is understood, so the formula for sodium chloride can be
written simply as NaCl.

Compare this formula to the highlighted region of the sodium chloride struc-
ture in Figure 3.19. It has repeating units of one sodium ion and one chloride ion.
Because an ionic compound does not exist as a molecule, its formula represents its
smallest repeating unit. We call this repeating unit a formula unit. The formula
unit of sodium chloride is NaCl. How do you know to put the sodium first? Gener-
ally, chemical names start with the name of the element that is farther to the left or
farther down on the periodic table. Most often, the name or symbol of a metal is
written first.

For ionic compounds, the formula represents the ratio of ions of each kind,
not an exact count of ions. Consider another example, sodium sulfide. Sodium ion
should be Na* and sulfide ion should be S* according to their positions in the peri-
odic table. Two sodium ions are required to provide the 2+ charge needed to balance
the 2— charge of the sulfide ion, so these ions will combine to form a compound with
the formula Na,S.

Formulas for ionic compounds containing polyatomic ions must also be written
so that the sum of the positive charges from the cations equals the sum of the nega-
tive charges from the anions. For example, consider calcium carbonate (Figure 3.20).
From the periodic table we know that the calcium ion has a charge of 2+ (Ca*").
From Table 3.4 we know carbonate ion has a charge of 2— (CO5>"). Therefore, the
formula unit is written CaCOj. The calcium appears first in both the name and the
formula because it is the cation. We cannot deduce the charge on a polyatomic ion
from the periodic table. We must remember it or look it up.

As another example, consider a compound containing calcium ion and nitrate ion.
Based on its position in the periodic table we expect the calcium ion to carry a charge
of 2+ (Ca*"). The nitrate ion is known to have a charge of 1— (NO;"). Two nitrate ions
are required for every calcium ion to write a formula for the compound that is neutral:
Ca(NO3),. The parentheses around the formula for the polyatomic ion show that the
subscript applies to the whole unit. If only one polyatomic ion is represented in a
formula unit, the parentheses are not needed. For examples, see Figure 3.21.

&Y ANIMATION:

Sodium Chloride

FIGURE 3.20 The formula unit of

calcium carbonate is CaCOs;.
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FIGURE 3.21 Ionic compounds are formed by combinations of cations and anions in proportions that lead to electrical neutrality. The

images represent a formula unit of each compound.
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The given images represent aqueous solutions of ionic compounds. Match the
images to the following formulas: BaCl,(aq), Na,S(ag), and KBr(aq).

Solution:

Based on their positions in the periodic table, barium is expected to have a charge of
2+ and the chloride ion is expected to be 1—. Image B corresponds to BaCl,. Based
on its position in the periodic table, we expect sodium ion to have a charge of 1+.
The sulfide ion has a charge of 2—. Image C corresponds to Na,S. Based on their
positions in the periodic table, the potassium ion is expected to have a charge of 1+
and the bromide ion is expected to be 1—. Image A corresponds to KBr. Notice that
in all of the images ions are present in appropriate ratios of cations and ions.

Practice Problem 3.5

Suppose an ionic compound containing magnesium and chloride ions is dis-
solved in water. Beginning with a representation for five magnesium ions, draw
a picture of a solution containing magnesium and chloride ions that is electrically
neutral. You can omit the water molecules.

Further Practice: Questions 3.27 and 3.28 at the end of the chapter

In Example 3.5 we matched formulas with molecular-level representations. We can
also write formulas from ion names. First, we determine if a polyatomic ion is present.
Next, we determine the charge on the ions that make up the compound. If the ion is
monatomic, the charge can often be predicted from the periodic table. If a polyatomic
ion is present, we must recall its charge. Once we know the charges on the cations and
anions in the compound, we can write a correct formula, as Example 3.6 demonstrates.

las for lonic Compounds

Write the formulas for compounds containing the following ions:

(a) calcium ion and nitride ion
(b) barium ion and nitrate ion
(c) potassium ion and sulfate ion

Solution:

(a) Calcium ion and nitride ion are monatomic. Their charges can be determined
from their positions in the periodic table. Calcium ion is expected to have a
2+ charge, and nitride ion is expected to have a 3— charge. Combining three
calcium ions with two nitride ions yields a formula that has equal amounts
of positive and negative charges: Ca;N,.

(b) Barium ion is a monatomic cation. Nitrate ion is a polyatomic anion. We
can use the periodic table to predict the charge of the cation. The barium ion
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is expected to have a 2+ charge. From Table 3.4 we know that nitrate has a
charge of 1—. It takes two nitrate ions for every one barium ion to give equal
amounts of positive and negative charges: Ba(NO;),.

(c) Potassium ion is a monatomic cation. Sulfate ion is a polyatomic anion.
Based on its position in the periodic table, potassium ion is expected to have
a 1+ charge. From Table 3.4 we know that the charge on sulfate ion is 2—. It
takes two potassium ions for every one sulfate ion to yield equal amounts of
positive and negative charges: K,SO,.

Practice Problem 3.6
What are the formulas for all the compounds that can be formed by K*, Fe**, Br",
and SO,*7?

Further Practice: Questions 3.29 and 3.30 at the end of the chapter

I 3.4 | NAMING IONIC COMPOUNDS

On their canoe trip, Megan and Jeff took along a packet of instant juice mix. As Jeff
mixed the powder with water from his canteen, he noticed the list of ingredients on
the label. He asked Megan if she knew what any of the long chemical names meant.
Although she didn’t recognize them all, several names of compounds were familiar
to her. Some were ionic compounds, such as potassium iodide, copper sulfate, and
magnesium oxide. Megan knew that they provide essential minerals the body needs
for good health. Although she didn’t know the formulas for some of the others, she
recognized them as sources of other metal ions the body needs. They include ferrous
fumarate, which contains iron, and sodium selenite, a source of selenium.

Jeff and Megan, like most new students to chemistry, wondered why chemical
names have to be so complicated. Actually, they are not as complicated as they look
at first. Chemical names have been established by applying a consistent set of rules
that allow chemists to communicate accurately and efficiently. The systematic rules
of nomenclature ensure that each chemical compound has a unique name that dis-
tinguishes it from all other compounds. Formulas and names for several ionic com-
pounds are listed in Table 3.5. Can you determine the rules used for naming them?

The names in the table follow from the rules explained in Sections 3.2 and 3.3.
Apply them as you name the ionic compounds in Example 3.7.

TABLE 3.5 | Names of Some lonic Compounds

Formula Name Formula Name

NaCl sodium chloride Mg(NO3), magnesium nitrate
NaNO, sodium nitrite BaO barium oxide
MgCl, magnesium chloride Li;N lithium nitride

g lonic Compounds
Name the compounds given by the formulas (a) Na,O and (b) Ca;(PO,),.

Solution:

(a) The first compound, Na,O, is composed of monatomic cations and anions
whose charges can be predicted from the periodic table. We state the name

The systematic rules of nomencla-
ture are established by the Interna-
tional Union of Pure and Applied
Chemistry (IUPAC).

929
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ALO;

FIGURE 3.22 Because aluminum
has a 3+ charge and oxygen has a

2- charge, the formula for aluminum
oxide is Al,O;.

of the metal ion first, followed by the root of the name for the nonmetal with
an —ide ending: sodium oxide.

(b) The charge on a calcium ion can be predicted from the periodic table. The
polyatomic ion is PO,*", named phosphate ion. The name of the compound
is calcium phosphate.

Practice Problem 3.7
Name the compounds K,O and MgSO;.

Further Practice: Questions 3.39 and 3.40 at the end of the chapter

If you had trouble establishing rules for naming ionic compounds, the following
summary may help. For binary ionic compounds, we give the name of the cation
first, simply using its element name. To name the anion we add the suffix —ide to the
root of the name of the element that corresponds to the anion. Generally for ionic
compounds, a prefix indicating the atomic ratio is not used. (As we’ll see later in
Section 3.5, prefixes are used for molecular compounds.) Thus, NaCl is composed
of Na* and CI™ ions and is named sodium chloride. The compound with the formula
AlBr; is composed of AI** ions and Br~ ions and is named aluminum bromide.

Names for ionic compounds do not directly communicate the relative number
of ions in the formula unit. This is unnecessary because we can use the ionic
charges for cations and anions predicted from the periodic table or recalled from
a table such as Table 3.4 to write the formula unit. For example, the compound
aluminum oxide contains an ion of an element that is a metal and an ion of an
element that is a nonmetal, so we recognize it as ionic. Aluminum, in group IITA
(13), forms a 3+ ion. Oxygen, in group VIA (16), forms a 2—ion. To be electrically
neutral, the formula for aluminum oxide must be Al,O; (Figure 3.22).

Naming ionic compounds containing polyatomic ions is similar to naming binary
ionic compounds. The cation is named first, followed by the name of the polyatomic
ion. For example, the compound that contains the sodium ion, Na*, and the sulfate ion,
SO,*, has the formula Na,SO, and is called sodium sulfate. Some ionic compounds
contain the ammonium ion, NH,*. An example is ammonium chloride, NH,Cl. Some
rules for naming ionic compounds are summarized in Figure 3.23.

Is a polyatomic ion present
in the compound?

Yes No
Name the cation by simply Name the cation by simply
stating the element name. stating the element name.

If the compound contains
NH,", state ammonium as
the first word of the name.

)4 4

State the name of the State the root of the
polyatomic ion as the element name for the
second word of the anion and add an —ide
compound name. For suffix. For example,
example, Ca(NOs), is CazN, is calcium nitride.

calcium nitrate.

FIGURE 3.23 A flowchart can be used to determine names for some ionic compounds.
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FIGURE 3.24 This periodic table shows some metals that exhibit multiple charges. Notice that
zinc, silver, and cadmium are exceptions. They exhibit only one charge.

Some metals can combine with a nonmetal to form more than one ionic
compound. For example, copper can combine with chlorine to form CuCl and
CuCl,. In these two compounds, the copper has two different charges (1+ and
2+). Many of the metals, especially the transition metals, can exhibit multiple

charges (Figure 3.24).

The names we assign to the two compounds of copper and chlorine must be
unique so that one can be distinguished from the other. There are two ways of
naming compounds of this kind. One is systematic and more current. The other
uses common names that were developed—not quite so systematically—in past

centuries.

Some formulas and systematic names for ionic compounds containing metals
that can have more than one charge are shown in Table 3.6. Try to figure out the

rules used to name them.

Did you figure out that the Roman numerals represent charge? Try to use this
rule to name the ionic compounds in Example 3.8.

TABLE 3.6 | lonic Compounds Containing Metals

with Multiple Charges

Formula Cation Systematic Name
FeCl, Fe** iron(II) chloride
FeCl, Fe* iron(III) chloride
Cu,0 Cu* copper(I) oxide
CuO Cu** copper(Il) oxide
CuSO, Cu** copper(Il) sulfate
SnO Sn** tin(IT) oxide
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Zing, silver, and cadmium normally
form only one ion, so Roman
numerals are not used when naming
their compounds.

FIGURE 3.25 A flowchart can be used to
determine names for ionic compounds that

contain metals with multiple charges.

EXAMPLE 3.8 g lonic Compounds Containing Metals

ultiple Charges
Name the compounds given by the formulas (a) SnCl, and (b) SnO,.

Solution:

In both cases the charge on tin is not apparent from its position in the periodic
table, so we’ll have to deduce its charge in each compound from the anions.

(a) Based on its position in the periodic table, we predict that chloride ion has
a 1— charge. For the compound to be electrically neutral, the tin must have
a 2+ charge to counter the negative charges from the two chloride ions. We
can now write the name for the compound by beginning with the metal name
followed by the Roman numeral to represent its charge. Then we write the
root of the nonmetal name for the anion with an —ide ending. The name of
the compound is tin(1l) chloride.

(b) Based on its position in the periodic table, we predict that oxide ion has a
2— charge. For the compound to be electrically neutral, the tin must have a
4+ charge to counter the four negative charges from the two oxide ions. We
can now write the name for the compound by beginning with the metal name
followed by the Roman numeral to represent its charge. Then we write the
root of the nonmetal name for the anion with an —ide ending. The name of
the compound is tin(1V) oxide.

Practice Problem 3.8
Name the compounds Cr,S; and FeSO;.

Further Practice: Questions 3.43 and 3.44 at the end of the chapter

If you had trouble establishing rules for naming ionic compounds containing
metals that exhibit multiple charges, the following summary may help. The systematic
method used to name ionic compounds is called the Stock system. It uses Roman
numerals in parentheses after the name of the metal to indicate the charge. There is no
space between the metal name and the parentheses containing the Roman numeral. For
example, CuCl is named copper(I) chloride because the copper in this compound has a
charge of 1+. The other compound of copper and chlorine, CuCl,, is named copper(II)
chloride because the copper has a 2+ charge. Rules for naming ionic compounds con-
taining a cation that can exhibit multiple charges are shown in Figure 3.25.

Is a polyatomic ion present
in the compound?

Yes

No

\/

¥

Name the cation by stating
the element name followed
by the charge of the cation
using Roman numerals.

Name the cation by stating
the element name followed
by the charge of the cation
using Roman numerals.

.

v

State the name of the
polyatomic ion as the
second word of the
compound name. For
example, CuCOs, is
copper(Il) carbonate.

State the root of the
element name for the
anion and add an —ide
suffix. For example, CuO
is copper(II) oxide.




3.4 Naming lonic Compounds

Constructing formulas from Stock system names is particularly straightfor-
ward, since the name gives the charge of the metal. For example, in chromium(IIT)
oxide, the chromium has a charge of 3+. From its position in the periodic table, we
assume oxygen has a charge of 2—. For the sum of the positive and negative charges
to be equal, there must be three oxide ions for every two chromium ions, giving a
formula of Cr,0;. To practice writing formulas from names, try Example 3.9.

las for Compounds Containing Metals
xhibit Multiple Charges

Write the formulas for the compounds with the following names:

(a) iron(II) sulfide
(b) cobalt(II) nitrate

Solution:

(a) The name tells us that iron has a 3+ charge in this compound, Fe**. Sulfide is
the name of the monatomic ion of sulfur that, from its position in the periodic
table, we expect to have a charge of 2—, S*>". For the sum of the positive and
negative charges to be equal, there must be three sulfide ions for every two
iron(III) ions, giving a formula of Fe,S;.

(b) We know from the name that cobalt has a 2+ charge in this compound, Co*".
Nitrate is the name of a polyatomic ion with a charge of 1— (NOj"). For the
sum of the positive charges and the sum of the negative charges to be equal,
there must be two nitrate ions for every one cobalt(Il) ion, giving a formula of
Co(NOy),.

Practice Problem 3.9
Write the formulas for the compounds with the following names:

(a) copper(I) sulfate
(b) iron(II) oxide

Further Practice: Questions 3.49 and 3.50 at the end of the chapter

An older method of naming is still commonly used. In this method, the name of
the metal is changed by adding a suffix, either —ous or —ic, to the root of the original
Latin name for the metal. (See Chapter 1 for Latin names of some of the elements.) The
suffix —ous indicates the lower of two charges, and the suffix —ic indicates the higher. For
example, the two compounds of copper and chlorine described earlier have the formulas
CuCl and CuCl,. In the first one, the copper ion has a charge of 1+. This is the lower pos-
sible charge, so the compound is called cuprous chloride. The other compound, CuCl,,
contains copper ions with the higher possible charge, so it is called cupric chloride. This
older method is not often used in laboratories, because it applies only to metals that
exhibit two charges. However, it is common on the labels of consumer products. Some
examples of common names are listed in Table 3.7, along with the corresponding Stock
system names. Example 3.10 asks you to employ the system of common names.

" EXAMPLE 3.10

on Names for lonic Compounds Containing
als That Exhibit More Than One Charge

(a) Using common nomenclature, name the two compounds of iron and oxygen
with the formulas FeO and Fe,0;.
(b) Write formulas for the compounds cuprous nitrate and cupric nitrate.
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Common names are often used

on consumer ingredient labels

and in medicine. For example,
ferrous sulfate, FeSO,, is used

as an iron supplement to treat
iron-deficiency anemia. This
compound has also been used to
color concrete. Another compound
frequently listed by its common
name is stannous fluoride, SnF,, the
source of fluoride in some types of
toothpaste.

Solution:

(a)

(b)

From its position in the periodic table we know that the oxygen ions in both
compounds have a charge of 2—. In the first compound, FeO, the iron has a
charge of 2+ to make the sum of the positive charges and the sum of the
negative charges equal. In the second compound, the iron ion has a charge
of 3+. The compound with the formula FeO contains the iron ion with the
lower of two possible charges, so it is called ferrous oxide. The other com-
pound, Fe,O;, contains the iron ion with the higher charge, so it is called
ferric oxide.

From Figure 3.24 we know that copper ions have two possible charges, 1+
and 2+. The name of the first compound, cuprous nitrate, indicates that it
contains copper ions with the lower of two possible charges. This compound
contains Cu* ions. Nitrate ion has the formula NO5™. For the sum of the posi-
tive charges and the sum of the negative charges to be equal, the formula for
cuprous nitrate must be CuNO;. The name of the second compound, cupric

nitrate, indicates that it contains copper ions with the higher of two possible
charges, so Cu?* is present in this compound. For the sum of the positive
charges and the sum of the negative charges to be equal, the complete for-
mula must be Cu(NO5),.

Practice Problem 3.10

(a) Using common nomenclature, name the compounds with the formulas Sn(SO,),
and SnSO,.

(b) Write formulas for the compounds ferric sulfide and ferrous sulfide.

Further Practice: Questions 3.51 and 3.52 at the end of the chapter

TABLE 3.7 | Names of Some lonic Compounds Composed of
Metals with Multiple Charges

Formula Ion Stock Name Old Name
FeCl, Fe?* iron(II) chloride ferrous chloride
FeCl, Fe* iron(III) chloride ferric chloride
Cu,O Cu* copper(I) oxide cuprous oxide
CuO Cu** copper(Il) oxide cupric oxide
SnO Sn** tin(II) oxide stannous oxide
SnO, Sn** tin(IV) oxide stannic oxide

3.5 | NAMING AND WRITING FORMULAS
FOR MOLECULAR COMPOUNDS

Among the substances Megan and Jeff found in their samples of river water were
carbon dioxide and carbon tetrachloride. These are binary molecular compounds.
The naming of such compounds follows rules that differ slightly from those used
for naming ionic compounds. Several molecular compounds are listed in Table 3.8.
Try to determine the rules used to name them.
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TABLE 3.8 | Names of Some Common Molecular Compounds

Formula Name Formula Name
CO carbon monoxide SO, sulfur trioxide
CO, carbon dioxide N,O, dinitrogen tetroxide
CCl, carbon tetrachloride PFs phosphoru.s
pentafluoride

Did you figure out how to name binary molecular compounds? Did you deter-
mine when and how to use prefixes? Now try to apply the rules to name the molecu-
lar compounds in Example 3.11.

ulas and Names for Molecular Compounds

Name the compounds (a) P,O,, and (b) NO.,.

Solution:

(a) Since P,0O;, is a compound containing two nonmetals, we consider it a
molecular compound. Phosphorus is named first, because it occurs farther
toward the left and down on the periodic table. Because there are four phos-
phorus atoms in the molecule, we add the prefix tetra—. Oxygen is named
second by taking the root of its name and adding the suffix —ide. We must
add the prefix deca— to the beginning of the element name to indicate that
there are 10 oxygen atoms in the molecule. The full name is tetraphosphorus
decoxide. (When two vowels are adjacent, as in deca-oxide, the vowel at the
end of the prefix is often dropped.)

(b) The second compound, NO,, is also molecular, because it contains elements
that are nonmetals. Nitrogen is to the left of oxygen, so it is named first.
Because there is only one atom of nitrogen in a molecule of the compound,
the prefix mono— is omitted but implied. The prefix mono— is not used for the
first element named in a molecular compound. Oxygen is named second by
taking the root of its name and adding the suffix —ide. We add the prefix di—
to the beginning of the element name to indicate that there are two oxygen
atoms in the molecule. The full name is nitrogen dioxide.

Practice Problem 3.11
Name the compounds P,O4 and N,Os. .

Further Practice: Questions 3.61 and 3.62 at the end of the chapter Co

If you had trouble establishing rules for naming molecular compounds, the follow- €0,

ing summary may help. Because some nonmetals can combine to form more than one ~ FIGURE 3.26 Carbon and oxygen
compound, we must identify the appropriate ratio of atoms in the molecule. For example, ~ form two common molecular
there are two common compounds containing carbon and oxygen (Figure 3.26). One of ~ compounds.
them, CO, contains one atom each of carbon and oxygen. Its name is carbon monoxide.
(The extra vowel is dropped from mono-oxide.) The other compound, CO,, contains one
atom of carbon and two atoms of oxygen. It is called carbon dioxide.

To name molecular compounds systematically, we begin by stating the name of the
element farther to the left and farther down on the periodic table. To the root of the second
element’s name we add an —ide ending. Unlike ionic compounds, where the number of

Molecular compounds are named
with prefixes; ionic compounds
are not.
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The prefix mono— is generally not
used except in carbon monoxide,
CO, and nitrogen monoxide, NO.

L
-

S0,

(&
e

FIGURE 3.27 These images
represent two molecular compounds
containing atoms of sulfur and
oxygen.

The formulas SO; and SO5>~
correspond to two very different
chemical species. The first refers
to a compound containing one
sulfur atom and three oxygen
atoms. The second represents a
polyatomic ion that has

a 2— charge.

Name the first element in the
formula by stating the element
name. If there is more than one
atom present in a molecule, use a
Greek prefix.

State the root of the element name
for the second element in the
formula and add an —ide suffix. If
there is more than one atom
present in a molecule, use a Greek
prefix. For example, SO, is sulfur
dioxide.

FIGURE 3.28 A flowchart can be
used to determine the names for
binary molecular compounds.

TABLE 3.9 | Common Greek Prefixes

Prefix Number Prefix Number Prefix Number
mono- 1 penta- 5 octa-

di- 2 hexa- 6 nona-

tri- 3 hepta- 7 deca- 10
tetra- 4

ions in the electrically neutral compound is not stated, we specifically identify the number
of atoms in a molecular compound. To indicate this number, we use Greek prefixes such
as mono—, di—, and tri—. (These and other prefixes are listed in Table 3.9.)

Let’s consider a few compounds to clarify and practice the naming rules. First,
consider a compound of sulfur and oxygen in which a molecule contains one sulfur
atom and two oxygen atoms, SO, (Figure 3.27). Sulfur is listed first in the formula.
Similarly, when we name the compound, sulfur will be identified first. Since there
is only one sulfur atom in the molecule, a prefix is not necessary. To the root of the
name for the second element in the compound, we will add an —ide ending, as we
did for ionic compounds. We call this compound sulfur dioxide to distinguish it from
other compounds containing sulfur and oxygen. Another such compound, SO;, is
shown in Figure 3.27. What is its name?

As another example, consider a compound with the formula HCI. Using the
rules just discussed, its name would be hydrogen monochloride. However, the
prefix mono— is not used because there are no other compounds with this combina-
tion of elements. Its name is simply hydrogen chloride. This pattern of naming is
similar for HF, HBr, and HI. Rules for naming binary molecular compounds are
summarized in Figure 3.28.

Knowing the process by which compounds are named allows us to write formu-
las for molecular compounds from chemical names. Unlike the formula for an ionic
compound, which reveals the simplest ratio of cations and anions in a formula unit,
a molecular formula tells us the actual number of atoms present in a single mole-
cule of a compound. The formula CO,, for example, shows that each molecule is
made up of one carbon atom and two oxygen atoms. Consider how molecular for-
mulas are written in Example 3.12.

ing Formulas from Names
Molecular Compounds

What is the formula for a compound with the name chlorine dioxide?

Solution:

The first word indicates that chlorine is present in the compound and its symbol
should be listed first in the formula. Since there is no prefix preceding its name,
one atom is understood. The second element in the formula is oxygen. The prefix

di— indicates that there are two oxygen atoms in a molecule of this compound.
The formula is ClO,.

Practice Problem 3.12
What is the formula for a compound with the name dinitrogen trioxide?

Further Practice: Questions 3.63 and 3.64 at the end of the chapter




Some binary molecular compounds are known by trivial, or nonsystematic,
names. Such names often bear no direct relation to the compound’s composition.
For example, dihydrogen monoxide, H,O, is commonly known by its trivial name,
water. Ammonia, NH;, and hydrogen peroxide, H,O,, are other examples.

I 3.6 | ACIDS AND BASES

Megan and Jeff tested their river water samples using an instrument called a pH
meter. It revealed that some of their samples tended to be acidic, while others were
more basic. An acid, simply defined, is a substance that when dissolved in water
provides hydrogen ions, H*. When a compound that is not ionic provides ions when
dissolved in water, the process is called ionization.

To understand the behavior of acids, consider hydrogen chloride, HCI. By itself
this substance is a gas under normal conditions (room temperature and atmospheric
pressure). It is a molecular compound that, like other acids, behaves quite differently
from the molecular compounds discussed earlier. When gaseous HCl is bubbled into
water, it ionizes, producing hydrogen ions, H*, and chloride ions, CI” (Figure 3.29).

In general, acids are compounds that usually contain a hydrogen atom that can
be removed as an H* ion when the compound is placed in water. The process can be
summarized for hydrogen chloride by the following equation:

HCl(g) —>> H*(aq) + CI(aq)

A hydrogen ion, H*, does not actually exist in solution as an isolated entity. Instead,
it is surrounded by several water molecules. An H* ion in solution is often repre-
sented as H;O" (called hydronium ion) to show that the H* ion is really attached to
water molecules.

One important class of acids is the organic (carbon-based) compounds that
contain the combination of atoms —CO,H. They are called carboxylic acids. An
example is acetic acid, CH;CO,H, the substance present in vinegar that gives it its
sour taste. The structure of acetic acid is shown in Figure 3.30. Various organic acids
are found in the human body and in many of the foods we eat. For example, citric
acid is present in citrus fruits such as lemons, oranges, and grapefruit.

HClI

FIGURE 3.29 The molecular compound HCl ionizes to H*(ag) and Cl (aq) when dissolved in
water. H(aq) is associated with one or more water molecules.
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In a water molecule, the oxygen
atom is the central atom. The
formula H,O is an exception to
listing the central atom first in a
formula. Other exceptions are H,S,
H,Se, and H,Te.

The “acid” in acid rain comes
from oxides of sulfur and nitrogen,
released into the air as gases from
the burning of coal and other fuels.
The oxides react with water in the
air to form sulfuric and nitric acids,
which can damage grasslands,
forests, and buildings, and threaten
the health of humans and other
animals.

We can represent the ionization
process in a few ways:

H,0
HCl(g) — HCl(aq)

H,0
HCl(g) —> H*(aq) + Cl*(aq)
HCl(g) + H,O(l) = H;0%(aq) + Cl (aq)

These expressions represent the
same process, but the last is the most
complete.
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0 Acidic
__hydrogen

s @7

FIGURE 3.30 A class of organic
(carbon-containing) compounds
contains a —CO,H group. These
compounds are called carboxylic
acids. The hydrogen atom attached
to an oxygen atom is acidic; the
others are not.

K-

HNO; H,SO, H,CO;4
Nitric acid ~ Sulfuric acid  Carbonic acid

FIGURE 3.31 In oxoacids, the acidic
hydrogen atoms are attached to
oxygen atoms.

Some common bases are:
NaOH, sodium hydroxide

KOH, potassium hydroxide
Mg(OH),, magnesium hydroxide
NH;, ammonia

Not all compounds containing hydrogen are acids in water. When hydrogen
combines with an element on the far right of the periodic table (excluding the noble
gases), the compound is an acid. For example, HF and HCI are both acids, but
methane, CH,, and ammonia, NH;, are not.

When writing formulas for acids, we generally place the hydrogen first and
write (aq) after the formula to indicate that the compound is an acid when dissolved
in water. For example, HCI(g) represents a molecular compound that exists as a gas
and we call it hydrogen chloride. The formula HCl(ag) corresponds to a solution
that’s been prepared by dissolving gaseous hydrogen chloride in water and obtain-
ing aqueous hydrogen ions and chloride ions. It’s called hydrochloric acid.

Hydrogen combined with a polyatomic ion can also behave as an acid. For
example, nitric acid, HNOj;, ionizes in water according to the equation

HNO,(1) —=> H*(aq) + NO,(aq)
Many other compounds containing hydrogen and oxoanions are acids. Notice in
Figure 3.31 that the hydrogen atoms are bound to oxygen atoms in the molecule.
When the compound is added to water, the hydrogen atom can separate from the rest
of the molecule as an aqueous H* ion.

A base, simply defined, is a substance that reacts with an acid in aqueous solu-
tion to form water. Most common bases either contain hydroxide ion, OH", or can
provide OH™ ions in solution. For example, sodium hydroxide, NaOH, is an active
ingredient in chemical drain cleaners. It is a base that dissolves in water according
to the equation

NaOH(s) ——> Na*(aq) + OH (aq)

Ammonia, NH;, used in various household cleaners, is another common base, but its
behavior is not apparent from its formula. When gaseous ammonia is bubbled into
water, a reaction occurs in which some of the ammonia molecules produce aqueous
ammonium ions, NH,*(aq), and hydroxide ions, OH (aq) (Figure 3.32).

Many consumer products contain acids or bases. Some examples are shown in
Figure 3.33.

Acids and bases vary in the extent of their ionization or dissociation in water.
Strong acids and bases ionize or dissociate completely. They are strong electrolytes.

FIGURE 3.32 Some ammonia, NH;, molecules react with water to produce ammonium ions,
NH,*, and hydroxide ions, OH".



TABLE 3.10 | Some Strong Acids

Formula Name Formula Name
HCl(aq) hydrochloric acid H,SO,(aq) sulfuric acid
HNOs(aq) nitric acid HClO,(aq) perchloric acid
TABLE 3.11 | Names of Some Common Acids
Formula Name Formula Name
HF(aq) hydrofluoric acid H,SO,(aq) sulfuric acid
HCl(aq) hydrochloric acid H,SO;(aq) sulfurous acid
HI(aq) hydroiodic acid HClO,(aq) perchloric acid
H,S(aq) hydrosulfuric acid HCIOs(aq) chloric acid
H,CO;(aq) carbonic acid HCIO,(aq) chlorous acid
HNO;(aq) nitric acid HCIO(aq) hypochlorous acid

For example, hydrochloric acid is a strong acid used in many industrial and cleaning
applications, including some toilet bowl cleaners. It ionizes completely in water to
produce ions, so in aqueous solution it is a strong electrolyte. You may encounter
several strong acids while working in the laboratory. Some of them are listed in
Table 3.10. They must be handled with care, as they can burn skin and eyes and eat
holes in clothing. Acetic acid, on the other hand, is present in vinegar and can be
consumed safely. In water, relatively few of its molecules ionize. It is both a weak
electrolyte and a weak acid. The behaviors of hydrochloric acid and acetic acid are
represented in Figure 3.34.

Like the nomenclature of ionic and molecular compounds, the naming of
acids follows systematic rules. Table 3.11 shows the formulas and names for many
common acids. Can you determine the rules for naming acids?

Did you figure out how to name binary acids? Did you determine how to name
acids containing polyatomic ions? Now apply your rules to name the acids in
Example 3.13.

(a) Name the acid with the formula HBr(aq).
(b) The compound with the formula HNO;(agq) is called nitric acid. What is the
name for the acid with the formula HNO,(agq)?

Solution:

(a) Since HBr(ag) contains just hydrogen and a nonmetal, it is a binary acid. If
it were not in aqueous solution, it would be called hydrogen bromide. Since
it is in aqueous solution, we can conclude that it is an acid. Binary acids
have a hydro— prefix, the stem of the element name to which the hydrogen is
attached, and an —ic suffix. The stem of the name derives from the name of
the element hydrogen is attached to. In this case, the element bromine pro-
vides the stem brom. Assembling the prefix, the stem, and the suffix, along
with the word acid, gives the name hydrobromic acid.
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FIGURE 3.33 Many consumer
products exhibit acidic or basic
properties. For example, window
cleaners often contain ammonia and
sodas often contain phosphoric acid
or citric acid. The next time you are in
the grocery store, look at the labels on
some products. How can you
determine which contain acids or
bases?

Hydrochloric acid

H;0*

Acetic acid

FIGURE 3.34 Hydrochloric acid
ionizes completely. Most acetic acid
molecules, on the other hand, remain
intact.
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(b) In acids containing a nonmetal that can form two oxoanions, the one with
the higher number of oxygen atoms is named with the root for the oxoanion
with an —ic ending, followed by the word acid. Thus, HNO;(aq) is nitric acid,
as stated in the problem. The oxoanion with fewer oxygens is named with
the root for the oxoanion name and an —ous ending. The name ends with the
word acid, so HNO,(aq) is nitrous acid.

Practice Problem 3.13

(a) Name the compound H,Se(aq).

(b) An acid containing an oxoanion of phosphorus with the formula H;PO5(aq)
is named phosphorous acid. What is the name for the acid with the formula
H;PO,(aq)?

Further Practice: Questions 3.67 and 3.68 at the end of the chapter

Perhaps the rules you came up with allowed you to complete Example 3.13
successfully. If you had trouble, the following summary for naming acids may help.
Binary acids in solution are named with the prefix hydro— followed by the stem
of the name of the nonmetal with the suffix —ic and the word acid attached. Thus,
HCl(aq) is named hydrochloric acid.

Naming acids containing polyatomic ions requires modifying the name of the
polyatomic ion. The prefix hydro— is not used in naming acids containing poly-
atomic ions. For example, the compound H,CO;(ag), present in many carbonated
beverages, contains the carbonate ion. In naming this acid, we remove the —ate
ending from the name of the polyatomic ion and replace it with —ic. Then we add
the term acid to complete the name. This acid is carbonic acid.

If there is more than one polyatomic ion for a given nonmetal, the names of the
acids must distinguish among them. For example, there are two common polyatomic
ions containing sulfur. They are the sulfate ion, SO42’, and the sulfite ion, SO;>".
The acids of these ions have the formulas H,SO,(aq) and H,SOs(ag). In naming the
acid containing the sulfate ion, the —ate ending is replaced with —ic and the term
acid is added at the end. H,SO,(aq) is sulfuric acid. Naming the acid containing the
sulfite ion requires us to replace the —ite ending with —ous and add the term acid to
the end. Therefore, H,SOs(aq) is called sulfurous acid. Rules for naming acids are
summarized in Figure 3.35.

Does the acid contain a
polyatomic ion?

Yes No
Replace the —ate ending of Use a hydro— prefix.

a polyatomic ion name
with —ic. Replace the —ite
ending of a polyatomic ion
name with —ous.

¥ 4

End the name with the State the root of the
word acid. For example, element name for the
H,S0, is sulfuric acid. nonhydrogen element and

add an —ic suffix. End the
name with the word acid.
For example, H,S is
hydrosulfuric acid.

FIGURE 3.35 A flowchart can be used to determine the names for acids.
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3.7 | PREDICTING PROPERTIES AND NAMING COMPOUNDS

Jeff and Megan encountered a variety of compounds in their analysis of river water
samples. At first they thought that some of the names for compounds were overly com-
plicated, but once they learned the rules, they felt more comfortable. They also realized
that by deducing the elements in a compound from its name or formula, they could
predict many of its properties. For example, suppose they find out that a compound
contains magnesium and chlorine and has the formula MgCl,. Looking at the compo-
nent elements in the periodic table, they see that the compound contains a metal and a
nonmetal. They conclude that the compound is ionic and, therefore, that it probably has
some characteristics in common with other ionic compounds. They predict that it might
be a brittle solid with a very high melting point. They look up its melting point and find
that MgCl, melts at 712°C. And, because it is an ionic compound, they feel justified in
applying the appropriate naming rules and calling it magnesium chloride.

Another ionic compound, Cr,(SO,);, has similar properties. It has the same
general properties as MgCl,, and its melting point is even higher, 1857°C. Refer
back to Table 3.1, where the general properties of ionic and molecular compounds
are listed. Now that we know how to name compounds in these classes, we can
predict properties based on their formulas or names. In addition to predicting they
have high melting points and boiling points, we would correctly predict the ionic
compounds MgCl, and Cr,(SO,); would be crystalline solids, be strong electrolytes
in water, and conduct electricity when molten or when dissolved in water.

If you don’t know which rule to apply to name a particular compound, the
flowchart in Figure 3.36 provides some guidance. The questions are designed to help
distinguish among ionic compounds, molecular compounds, and acids because they

Does the compound contain
a metal (or ammonium
ion, NH,")?

Yes No

¥ 4

Tonic compound Molecular compound or
(If binary, contains a metal acid

cation with a nonmetal (If binary, contains two
anion) nonmetals)

4 ¥

Can the metal form more
than one type of cation?

Does the compound
contain hydrogen and is it
dissolved in water where
it behaves as an acid?

Yes

No

4

v

Yes

No

¥

4

The name of the metal ion
is written first, followed
by a Roman numeral in
parentheses to show the
charge on the metal. Then
write the name of the
nonmetal (with an —ide
ending) or the name of the
polyatomic ion. For
example, Cry(SOy); is
chromium(I1I) sulfate.

The name of the metal (or
ammonium) ion is written
first, followed by the name
of the nonmetal (with an
—ide ending) or the name
of the polyatomic ion. For
example, MgCl, is
magnesium chloride.

In water, name the
compound as an acid. For
example, H,S(aq) is
hydrosulfuric acid.

Use prefixes to indicate
the number of atoms for
each element. For
example, H,S is
dihydrogen sulfide.

FIGURE 3.36 A flowchart can be used to determine which rules to apply in naming compounds.
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Although we use prefixes for
molecular compounds (e.g., CCl, is
carbon tetrachloride), we never use
prefixes for ionic compounds (e.g.,
AICl; is aluminum chloride).

are named differently. For example, consider Cr,(SO,);. This compound contains a
metal, so we follow the ““Yes” branch in response to the first question. It is an ionic
compound. The metal exhibits more than one charge, so a Roman numeral is neces-
sary in its systematic name. The metal ion is chromium in the 3+ state, so the first
part of the name will be chromium(IIT). The compound consists of the polyatomic
ion SO42‘, which is the sulfate ion, so the name ends with sulfate. The name of this
compound is chromium(III) sulfate.

The compound H,S does not contain a metal (or ammonium ion), so it is not an
ionic compound. It is composed of nonmetals, and its formula does not show that it is
dissolved in water, so we will not name it as an acid. From Figure 3.36 we see that it
is a molecular compound, named dihydrogen sulfide. From the properties of molecu-
lar compounds listed in Table 3.1, we would predict that H,S has relatively low
melting and boiling points. Indeed this is the case, as its melting and boiling points are
—85.5°C and —60.7°C, respectively. It is a gas at, and well below, room temperature.
When written H,S(aq), however, this substance is classified as an acid and is named
hydrosulfuric acid. We would correctly predict that it is an electrolyte and therefore its
solutions conduct electricity. When naming a compound, it is very important to first
classify it. Use the flowchart to name the compounds in Example 3.14.

Q a Flowchart to Name Compounds

EXAMPLE 3.14

Classify and name the compounds with the formulas (a) CCl, and
(b) HyPO,(aq).

Solution:

(a) The compound CCl, is molecular because it is composed of two nonmetals.
We list the carbon first, followed by the prefix fefra— to indicate four chlorine
atoms. The name of this compound is carbon tetrachloride.

(b) The compound H;PO,4(agq) is an acid containing the phosphate ion. To name
this compound we replace the —ate ending with —ic and add the word acid.
This compound is phosphoric acid.

Practice Problem 3.14
Classify and name the compounds with the formulas (a) PBr;, (b) Na,S,
(c) H,SO4(ag), and (d) NH,CL

Further Practice: Questions 3.75 and 3.76 at the end of the chapter

I SUMMARY

In this chapter we described two broad categories of chemical compounds. Ionic
compounds consist of a metal ion (or NH,") combined with a nonmetal ion. Non-
metal ions can be monatomic or polyatomic. Molecular compounds consist of atoms
of two or more nonmetals combined in a molecule. Ionic compounds differ from
molecular compounds in their physical properties and molecular-level structure.

The ability of a chemical compound to dissociate or ionize in water to provide
ions determines how well it conducts electricity. Compounds that dissociate or
ionize extensively into ions are strong electrolytes. Examples include soluble ionic
compounds, strong acids, and strong bases. Substances, such as weak acids, that
ionize only partially in water are weak electrolytes. Those that do not dissociate or
ionize when dissolved are nonelectrolytes.

Formulas and names distinguish one compound from all others. The rules
for naming compounds were established by international agreement. Formulas for
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molecular compounds indicate the number of atoms of each element in a molecule
of the compound. Formulas for ionic compounds can only tell us the ratio of cations

to anions in a compound.

Within the broad categories of ionic and molecular compounds, some chemical
compounds can be described in terms of their acidic or basic properties. Acids are
compounds that provide hydrogen ions in solution. Common bases are often com-
pounds that provide hydroxide ions in solution and react with acids to form water.

Compounds are given unique names based on the elements present and how the

compound behaves. The rules are summarized in the following table:

Type of Compound

Naming

Tonic

The cation is named first, followed by the name of the anion.

Molecular

The first atom in the formula (the element farther down or to the left
in the periodic table) is named first with the second element named
as if it were an anion. Greek prefixes are used to designate the
number of atoms in the molecule.

Acids

Binary acids are named as hydro— followed by the root of the element
name with an —ic suffix and the word acid placed at the end of the
name. Acids containing polyatomic ions are named by taking the root
of the polyatomic ion name, replacing —ate with —ic or replacing —ite
with —ous and adding the word acid at the end.

KEY TERMS
acid (3.6)

base (3.6)

binary compound (3.1)
electrolyte (3.1)

formula unit (3.3)

ionic compound (3.1)
molecular compound (3.1)
molecular formula (3.5)

monatomic ion (3.2) strong electrolyte (3.1)

nonelectrolyte (3.1) weak electrolyte (3.1)
oxoanion (3.2)

polyatomic ion (3.2)

QUESTIONS AND PROBLEMS

The following questions and problems, except for the last section of Additional Questions, are paired. Questions in a pair focus on the same
concept. Answers to the odd-numbered questions and problems are in Appendix D.

Matching Definitions with Key Terms

3.1  Match the key terms with the descriptions provided.

(a) the smallest repeating unit in an ionic compound

(b) a substance that dissociates or ionizes completely
into ions in solution and conducts electricity well

(c) a compound composed of two or more nonmetals
that exists in discrete units of atoms held together

(d) a compound that releases hydrogen ions when
dissolved in water

(e) a substance that retains its molecular identity when it
dissolves and does not conduct electricity

(f) an anion containing oxygen attached to some other
element

3.2 Match the key terms with the descriptions provided.
(a) a formula that indicates the actual number of atoms
present in a molecule
(b) a substance that dissociates partially into ions upon
dissolving and conducts electricity to a slight extent

(c) a compound consisting of cations and anions in
proportions that give electrical neutrality

(d) a substance that reacts with an acid to form water

(e) a compound containing atoms or ions of two
elements

(f) an ion containing two or more atoms, such as NO;~

lonic and Molecular Compounds

3.3 Identify the following compounds containing sulfur as
representations of ionic or molecular compounds.

K,S Na,SO, S0,



114

34

35

3.6

3.7

3.8

39

3.10
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Identify the following compounds containing nitrogen as
representations of ionic or molecular compounds.

Na;N

KNO, NO,

Identify the following combinations of elements in a
compound as ionic or molecular.

(a) nitrogen and oxygen

(b) potassium and oxygen

(c) phosphorus and fluorine

(d) magnesium and chlorine

Identify the following combinations of elements in a
compound as ionic or molecular.

(a) nitrogen and chlorine

(b) sulfur and oxygen

(c) calcium and chlorine

(d) sodium and nitrogen
Determine if the following formulas represent ionic or
molecular compounds.

(a) PCly (c) BaCl,

(b) LiF (d) N,Os
Determine if the following formulas represent ionic or
molecular compounds.

(a) Al,S;s (c) MgBr,

(b) P,0Os (d) K0
Which of the compounds LiF, CO,, or N,Os is expected to
have the highest melting point?

Which of the compounds NaCl, CO, or KF is expected to
have the lowest melting point?

Monatomic and Polyatomic lons

3.11

3.12

3.13

Based on their positions in the periodic table, predict the
charge, write the formula, and name the monatomic ions
of the following elements.

(a) sodium (b) potassium (c) rubidium
Based on their positions in the periodic table, predict the
charge, write the formula, and name the monatomic ions
of the following elements.

(a) fluorine (b) chlorine
Based on their positions in the periodic table, predict the
charge, write the formula, and name the monatomic ions
of the following elements.

(a) calcium (b) nitrogen

(c) iodine

(c) sulfur

3.14

3.15

3.16

3.17

3.18

3.19

3.20

3.21

3.22

3.23

3.24

3.25

3.26

Based on their positions in the periodic table, predict the
charge, write the formula, and name the monatomic ions
of the following elements.

(a) aluminum (b) barium
The following image represents an oxoanion of nitrogen
with a 1— charge. Write a formula for this ion and name it.

The following image represents an oxoanion of nitrogen
with a 1— charge. Write a formula for this ion and name it.

4

Name the following polyatomic ions.

(c) phosphorus

(a) SO (b) OH" (c) ClO,~
Name the following polyatomic ions.
(a) SO (b) CN~ (c) ClO,

Write formulas for the following ions.

(a) nitride (b) nitrate (c) nitrite
Write formulas for the following ions.

(a) chlorite (b) chloride (c) chlorate
Write formulas for the polyatomic ions with the following
names.

(a) carbonate

(b) ammonium

(c) hydroxide

(d) permanganate
Write formulas for the polyatomic ions with the following
names.

(a) bicarbonate

(b) acetate

(c) periodate

(d) hypochlorite

This image is a representation for an oxoanion of sulfur
with a 2— charge. Write the formula and name this ion.

7
-

This image is a representation for an oxoanion of nitrogen
with a 1— charge. Write the formula and name this ion.

v

The iodate ion is an oxoanion of iodine bearing a negative
one (1—) charge and containing three oxygen atoms. Write
the formula for the iodate ion.

The selenite ion is an oxoanion of selenium bearing a
negative two (2-) charge and containing three oxygen
atoms. Write the formula for the selenite ion.

Formulas for lonic Compounds

3.27

Suppose an ionic compound containing aluminum

and chloride ions dissolves in water. Beginning with a
representation for five aluminum ions, draw a picture of a
solution that is electrically neutral.



3.28

3.29

3.30

3.31

332

3.33

3.34

3.35

3.36

3.37

3.38

Suppose an ionic compound containing magnesium
and nitrate ions dissolves in water. Beginning with a
representation for five magnesium ions, draw a picture of
a solution that is electrically neutral.
Write the formula of the compound formed by each of the
following sets of ions.
(a) Ba® and CI” (c) Ca®* and PO,*"
(b) Fe** and Br- (d) Cr* and SO
Write the formula of the compound formed by each of the
following sets of ions.
(a) Na* and N* (c) Ti** and CO>
(b) Cs*and ClO;” (d) NH,*and S*
Identify the ions in the compounds represented in the
following formulas.
(a) KBr (c) Mg;(POy),
(b) BaCl, (d) Co(NO3),
Identify the ions in the compounds represented in the
following formulas.
(a) NaBr (c) Bay(PO,),
(b) AICI, (d) Mn(NOy),
Iron forms two ions, Fe** and Fe’*.
(a) What are the formulas for the compounds the two
iron ions can form with oxide ion, O>?
(b) What are the formulas for the compounds the two
iron ions can form with chloride ion, CI"?
Two ions of chromium are Cr** and Cr’*.
(a) What are the formulas for the compounds the two
chromium ions can form with oxide ion, 0*?
(b) What are the formulas for the two compounds the
chromium ions can form with chloride ion, CI™?
Sodium ion has a 1+ charge: Na*. In combination with the
sulfate ion, it forms the compound Na,SO,.
(a) What is the charge on the sulfate ion?
(b) What is the charge on a strontium ion if it forms the
compound SrSO,?
Magnesium has a 2+ charge: Mg?*. In combination with
the nitrate ion, it forms the compound Mg(NO53) ,.
(a) What is the charge on the nitrate ion?
(b) What is the charge on a potassium ion if it forms the
compound KNO;?
The listed formulas are incorrect. Determine what is
wrong with each and correct it.
(a) NaCl, (b) KSO, (c) AL3NO;
The listed formulas are incorrect. Determine what is
wrong with each and correct it.

(a) MgCl (b) Na(SOy),  (¢) Ky(NO3),
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Naming lonic Compounds

3.39

3.40

3.41

3.42

3.43

3.44

3.45

3.46

3.47

3.48

3.49

3.50

3.51
3.52

Name the following ionic compounds.

(a) MgCl, (d) KBr

(b) ALO; (e) NaNO;
(c) Na,S (f) NaClO,
Name the following ionic compounds.

(a) BaCl, (d) KNO,

(b) (NH4),S (e) Mg;y(PO,),
(c) MgO (f) KCIO,

For which of the following compounds must we specify
the charge on the metal when we name the compound:
MgSO,, MnSO,, CaCl,, CoCl,, AgNO;?

For which of the following compounds must we specify
the charge on the metal when we name the compound:
Cr(NOs),, Ba(NO3),, AlBr3, NiS, ZnCl,?

Name the following ionic compounds.

(a) Cu,O (c) FePO,
(b) CrCl, (d) CuS
Name the following ionic compounds.

(a) TiCl, (c) Mn,04
(b) CoBr, (d) Fey(PO,),

Write formulas for the following ionic compounds.
(a) calcium sulfate

(b) barium oxide

(c) ammonium sulfate

(d) barium carbonate

(e) sodium chlorate
Write formulas for the following ionic compounds.
(a) potassium bicarbonate

(b) sodium oxide

(c) ammonium hydroxide

(d) magnesium bromide

(e) sodium hypochlorite
Given the following formulas, what is the charge on the
metal? What is the name of each compound?

(a) CoCl, (c) Cr(NOs);

(b) PbO, (d) Fey(SOy)s
Given the following formulas, what is the charge on the
metal? What is the name of each compound?

(a) CoBr; (c) Cr,04

(b) CuCl, (d) FeSO,
Write formulas for the following ionic compounds.
(a) cobalt(Il) chloride

(b) manganese(Il) nitrate

(¢) chromium(III) oxide

(d) copper(Il) phosphate
Write formulas for the following ionic compounds.
(a) copper(Il) bromide

(b) iron(III) nitrate

(¢) chromium(VI) oxide

(d) copper(Il) chlorate
What are the common names for Fe(NO;), and Fe(NOj3);?

What are the common names for Cu,SO, and CuSO,?
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3.53 Complete the following table by writing the names and
formulas for the compounds formed when the cations
listed across the top combine with the anions listed along

the side.

C a2+

Fe2+

K+

3.55 Complete the following table by writing the formulas for
the compounds formed when the cations listed across the
top combine with the anions listed along the side.

potassium

iron(I1II)

strontium

Cr

iodide

02—

oxide

NOS_

sulfate

SO.*

nitrite

OH~

acetate

Cl0;

hypochlorite

Al3+

NH,*

aluminum

cobalt(Il)

lead(IV)

Cr

iodide

02—

oxide

NOS_

sulfate

SO.*

nitrite

OH~

acetate

Cl0;

hypochlorite

3.54 Complete the following table by writing the names and
formulas for the compounds formed when the cations
listed across the top combine with the anions listed along

the side.

3.56 Complete the following table by writing the formulas for
the compounds formed when the cations listed across the
top combine with the anions listed along the side.

sodium

chromium(II)

calcium

B a2+

Fle3+

Na*

chloride

sulfide

SZ—

nitrate

N02_

sulfite

S0,*

hydroxide

HCO,

chlorate

clo,

ammonium

iron(I1I)

lead(II)

Ni**

Cr3+

Ag*

chloride

sulfide

SZ—

nitrate

N02_

sulfite

S0,*

hydroxide

HCO,

chlorate

clo,

3.57 What is the formula for silver chloride?
3.58 What is the formula for zinc chloride?




Naming and Writing Formulas for Molecular
Compounds

3.59  Write formulas for the molecular compounds represented
by the following images.

(a) @

>

?

©)

<

3.60  Write formulas for the molecular compounds represented
by the following images.

(a)

(b)

©

- <

3.61 Name the following compounds.
(a) PFs (c) CO
(b) PF; (d) SO,
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3.62 Name the following compounds.
(a) SO; (¢) NO,
(b) N,O, (d) CS,
3.63  Write formulas for the following compounds.
(a) sulfur tetrafluoride
(b) tricarbon dioxide
(c) chlorine dioxide
(d) sulfur dioxide
3.64  Write formulas for the following compounds.
(a) carbon disulfide
(b) dinitrogen pentoxide
(c) boron nitride
(d) iodine heptafluoride

Acids and Bases

3.65 Which of the following images correctly represents
phosphoric acid?

A
<
B
<
’ <
C

3.66  Which of the images shown in Question 3.65 corresponds
to phosphorous acid?
3.67 Name the following acids.
(a) HF(aq)
(b) HNO;(aq)
() H;POs(aq)
3.68 Name the following acids.
(a) Hl(ag)
(b) HNO,(aq)
(c) H3PO4(aq)
3.69  Write formulas for the following acids.
(a) hydrofluoric acid
(b) sulfurous acid
(c) perchloric acid
3.70  Write formulas for the following acids.
(a) hydroiodic acid
(b) sulfuric acid
(c) hypochlorous acid

3.71  When nitric acid ionizes in water, what ions are present in
solution?
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3.72
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When hydrobromic acid ionizes in water, what ions are
present in solution?

Predicting Properties and Naming Compounds

3.73

3.74

3.75

3.76

3.77

3.78

3.79
3.80
3.81

3.82

3.83

3.84

3.85

3.86

Which of the following compounds should be crystalline,
brittle solids at room temperature and are electrolytes: KI,
Mg(NOs),, NO,, NH;, NH,NO;?

Which of the following compounds should have
relatively low melting points and boiling points and be
nonconductors of electricity when in the liquid state:
CH;0H, Li,0, CaCO;, H,0, NOs?

Many sunscreens contain tiny particles (nanoparticles) of
either titanium(IV) oxide or zinc oxide. These compounds
have the ability to filter a broader range of ultraviolet light
than other sunscreening agents. Classify these compounds
as ionic or molecular, and write their formulas.

An injection of ammonium chloride can help correct
blood pH levels that are too high (alkaline) due to
vomiting or the use of diuretics. Classify this compound
as ionic or molecular, and write its formula.

Carbon dioxide and dinitrogen oxide are two principal
greenhouse gases that enter the atmosphere because of
human activities. Classify these compounds as ionic or
molecular, and write their formulas.

Sulfur trioxide and nitrogen dioxide gases mix with
rainwater to form sulfuric acid and nitric acid. Write the
formulas for both gases and both acids.

Name the compounds represented in Question 3.3.
Name the compounds represented in Question 3.4.
Name the following compounds or ions. Identify each
compound as molecular or ionic.

(a) NO, (e) AICl,
(b) NOy~ (f) PCl,
() KNO, (») TiO
(d) Na;N (h) MgO

Name the following compounds or ions. Identify each
compound as molecular or ionic.

(a) SO (e) CaCO,
(b) S* (f) Fe,Ss
(c) CO, (& CS,
(d) CO& (h) Na,S

Write the formula for each of the following.

(a) sodium carbonate (e) sulfur trioxide

(b) sodium bicarbonate (f) copper(Il) sulfate
(c) carbonic acid (g) sulfuric acid

(d) hydrofluoric acid (h) hydrosulfuric acid

Write the formula for each of the following.

(a) ammonia (e) chromium(III) oxide

(b) ammonium phosphate (f) magnesium nitrate

(c) hydrochloric acid (g) manganese(I1V) oxide
(d) potassium hydroxide (h) nitrogen dioxide
How do HCl(aq) and HCl(g) differ? How are they named
differently?
How do H,S(aq) and H,S(g) differ? How are they named
differently?

3.87

3.88

3.89

3.90

Explain why the name given for each compound is
incorrect.

(a) Na,SO,, disodium sulfate

(b) CaO, calcium(II) oxide

(c) CuO, copper oxide

(d) PCls, phosphorous chloride
Explain why the name given for each compound is
incorrect.

(a) NFj3, nitrogen fluoride

(b) NiS, nickel sulfate

(c) Ba(NOs;),, barium(II) nitrate

(d) H,0,, dihydrogen dioxide
Explain why the formula given for each compound is
incorrect.

(a) potassium sulfide, KS

(b) nickel(IT) carbonate, Ni,COj;

(¢) sodium nitride, NaNO;

(d) nitrogen triiodide, NI
Explain why the formula given for each compound is
incorrect.

(a) calcium hydroxide, CaOH,

(b) aluminum chloride, AlCl,

(c) dinitrogen trioxide, N;0,

(d) potassium phosphide, K;PO,

Additional Questions

391

3.92

3.93

3.94

3.95

3.96

3.97

Determine what ions and how many of each are formed
for every one formula unit that dissociates in water.

(a) NaCl (c) Na,SO,

(b) MgCl, (d) Ca(NOs),
Determine what ions and how many of each are formed
for every one formula unit that dissociates in water.

(a) KBr (c) K;PO,

(b) NH,CI (d) AI(NO;);
Indicate whether each of the following substances is an
electrolyte or a nonelectrolyte.

(a) NaOH(aq) (¢) NaCl(aq)

(b) HCl(aq) (d) C2Hy011(ag)

(sucrose solution)

Indicate whether each of the following substances is an
electrolyte or a nonelectrolyte.

(a) CHyCly(aq) (c) KBr(aq)

(b) HNOs(aq) (d) KOH(ag)
Many transition metals form more than one ion and are
named using Roman numerals to designate the charge
on the ion. Why are Roman numerals unnecessary when
naming ionic compounds containing silver, zinc, or
cadmium?
Determine what ions are present when each of the
following dissociates or ionizes in water.

(a) HCI (d) KNO;
(b) NaOH (e) NasPO,
(c) CaCl,

Write formulas, including charge, for each of the
following polyatomic ions.
(a) nitrate
(b) sulfite
(c) ammonium
(d) carbonate

(e) sulfate
(f) nitrite
(g) perchlorate
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3.98 Name the following compounds. 3.110 Indicate whether each of the following combinations of
(a) KBr(s) (d) Na,SO,(s) elements would form molecular or ionic compounds.
(b) N,Os(g) (e) Fe(NO3);(s) (a) sodium and iodine
(c) HBr(aq) (b) selenium and chlorine
3.99  Name the following compounds. (c) oxygen and chlorine
(a) MgBry(s) (d) CoCls(s) (d) chromium and oxygen
(b) H,S(g) (e) KOH(aq) 3.111 Write formulas for the following compounds.
(c) H,S(aq) (f) AgBr(s) (a) ammonia
3.100 Name the following compounds. (b) nitric acid
(a) NH, (c) nitrous acid
(b) H,O 3.112 A sports drink contains the ingredients sucrose, whey
(c) H,0, protein concentrate, fructose, maltodextrin, citric acid,
3.101 Write formulas for each of the following compounds. sodium chloride, lecithin, magnesium oxide, vitamin E,
(a) lead(1l) chloride and ferrous sulfate. Write formulas for the molecular
(b) magnesium phosphate and ionic compounds present in this product that can be
(¢) nitrogen triiodide derived from what you learned in this chapter.
(d) iron(III) oxide 3.113 Methane, CHy, is not an acid, but CH;CO,H is. Given the
(e) calcium nitride following figures, which hydrogen is responsible for the
(f) barium hydroxide acid properties of the second compound, acetic acid?

(g) dichlorine pentoxide

(h) ammonium chloride J
3.102 Suppose you need some iron(III) chloride for an >
J’"J

experiment. When you go to the stockroom, there is one &
bottle labeled FeCl, and another with the formula FeCl;. < & \.
Which bottle should you select?

Methane Acetic acid

3.103 The active ingredient in baking soda is sodium
bicarbonate (also called sodium hydrogen carbonate). 3114

. . The compounds CH, and NH; are not acids, but glycine
What is the formula for this compound?

is. Given the structure shown, which hydrogen is
3.104 An active ingredient in toothpaste is tin(II) fluoride. What responsible for the acidic properties of this amino acid?
is the formula of this compound? What is the common
name for this compound?
3.105 Calcium hypochlorite is a compound used in water Y
treatment to kill disease-causing organisms. What is the
formula of this compound?

3.106 Calcium hydrogen carbonate, magnesium chloride, and @

calcium sulfate can cause scale buildup in pipes. What are

the formulas for these compounds? 3.115 List similarities and differences between each of the
3.107 Aluminum sulfate and calcium oxide are used in water following substances.

treatment to form a compound that allows solid materials
to be removed from water.

AL(SO,)s(ag) + 3CaO(s) + 3H,0(1) —> 2AI(OH)(s) + 3CaSO,(s)

Based on their formulas, what substances in this chemical '
equation are molecular?

Mg2+

o,

3.108 Consider the following formulas and names. Explain what 0,
is wrong with each name.
(a) FeBr,, iron dibromide
(b) CS,, copper(IV) sulfide MgO
(c) Co(NOs)s, cobalt trinitrite
(d) Mg(OH),, magnesium dihydroxide
(e) Cu,0, dicopper(Il) oxide
3.109 When solid copper metal is added to a solution of silver
nitrate, solid silver and copper(Il) nitrate form. Write
formulas for all the substances involved in this process.

3.116 Write formulas for
(a) potassium peroxide
(b) calcium peroxide
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Copper plays an important role in our daily lives. To see how, let’s follow Julio,
a college student, through part of his day. Bzzz! The radio alarm goes off and
awakens Julio. The circuits in the radio and the wires that connect it to the wall outlet
contain copper. Julio leaps out of his bed, which has a brass frame. (Brass is a homo-
geneous mixture of copper and zinc.) He opens the bathroom door and turns on the
light. The doorknob and hinges are made of brass. The light switch contains copper
contacts, and the base of the lightbulb is made of copper. He turns on the water to
wash his face. The faucets on the sink are brass, coated with nickel and chromium,
and copper pipes carry water through the house to his bathroom. Examine your
bedroom and bathroom. Do you see any other objects made of copper or brass?

Julio goes to the kitchen and pours orange juice into a glass. His juice is cold
because copper tubes circulate coolant in his refrigerator. For breakfast, Julio cooks
oatmeal in a copper-bottomed pot. After his meal, he grabs his car keys, which are
made of nickel-plated brass, and drives to campus in a car that contains wiring,
cables, windings, tubing, and other components made of copper—a total of about
50 1b (23 kg) of it. Julio drops some coins into the parking meter before dashing off
to his chemistry class. The coins contain copper. After class, Julio drops by the
computer lab to check his e-mail. The computer contains many copper connections.
It is connected to the Internet with copper cables.

Julio’s life seems to include copper at every turn. In fact, during his lifetime,
Julio will make use of over 1500 Ib (680 kg) of copper metal. Julio wonders where
all this copper comes from. Think about this yourself, but consider some other
common metal such as iron. Where do you encounter iron in your daily life? How
much do you depend on it? Where does it come from?

Most of the copper found in nature occurs as part of a mineral. A mineral is a
naturally occurring element or compound that has a distinct chemical composition
and solid form. The most common minerals of copper contain sulfide, oxide, or sili-
cate along with other metals (Figure 4.1). Most copper is taken from open-pit mines
in Chile or the southwestern United States (primarily Arizona, Nevada, Utah, and
New Mexico), but a few northern states, including Montana and Michigan, mine
some, too. Copper comes out of the mines as ore, which has relatively small amounts
of copper minerals embedded in rock.

At the mine, the ore is blasted loose from the ground and then lifted with large
electric shovels into trucks that can hold as much as 300 tons (272 metric tons) of
ore. The trucks haul the ore from the pits and dump it into a series of crushers and
mills that break the large pieces into smaller ones.

Although the minerals contain large
amounts of copper, the ore often
contains only small amounts of
minerals, so it often contains less
than 1% copper by mass. In other
words, 100 kg of ore may yield as
little as 1 kg of copper.

FIGURE 4.1 Copper is found mostly
as various sulfide, oxide, and silicate
minerals. The colors visible on the
surface of these ore samples are due
to the unique chemical compositions
of the minerals that make up the ores.
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FIGURE 4.2 Crushed ore is mixed
with water, lime, and special reagents
to make bubbles and to make copper
minerals stick to the bubbles. Air is
blown through the mixture and the
copper minerals float to the surface,
leaving the rest of the ore to sink to
the bottom.

FIGURE 4.3 Impure copper is
recovered from a series of furnaces
used to burn off most of the sulfur,
iron, and silicon.

Two different processes are used to get the copper out of the ore. Which one is
used depends on the mineral that the ore contains. Ores containing a sulfide mineral,
such as chalcopyrite, are first crushed into small particles and then mixed with water
and lime, CaO. Air is blown into the container, and the mixture is agitated vigor-
ously. The copper minerals float to the surface and are removed, leaving the denser
rock behind (Figure 4.2). After drying, the copper minerals, along with iron and
other contaminants, are placed in a furnace (Figure 4.3). Oxygen is blown in and the
copper minerals ignite, converting the sulfur to sulfur dioxide, which is trapped and
used to make sulfuric acid. The elemental copper and iron separate and fall to the
bottom of the furnace. After further separation, heating, and burning, copper (still
somewhat impure) is poured into molds and cooled to make sheets. An electric
current is used to transfer copper from the impure sheets to other sheets that are pure
copper (Figure 4.4). Impurities fall to the bottom as sludge. Valuable elements such
as silver, gold, platinum, palladium, antimony, selenium, and tellurium can be
recovered from the sludge.

Ores containing oxides of copper are processed by a different method. They are
crushed, but not as finely as are sulfide ores. The coarsely ground ore is placed in
piles and sprayed with a dilute sulfuric acid solution. The acid converts the copper
oxide to a solution of copper(Il) sulfate. The solution is concentrated and purified,
and then electrically plated onto copper sheets, much the same as the last step in the
process used for sulfides.

In this chapter we will investigate the composition of chemical compounds,
such as the minerals from which we recover copper metal. We will determine the
formulas of compounds and learn how to relate these formulas to the amounts of the
elements that compose them.

Questions for Consideration

4.1 How can we describe the mass composition of elements in a compound?

4.2 How can we determine the number of atoms in a given mass of a material?
The number of molecules? The number of formula units?

4.3 How can we use the masses of elements in a compound to determine its
chemical formula?

4.4 How can we express the composition of a solution?

)
\l
.

§

FIGURE 4.4 Copper is purified by using electricity to transfer the metal from impure sheets
into solution as copper(Il) ions. The copper(Il) ions are converted back to copper metal by
electricity and deposited onto pure sheets.
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@ Math Tools Used in This Chapter

Scientific Notation (Math Toolbox 1.1)
Units and Conversions (Math Toolbox 1.3)

u! 4.1 | PERCENT COMPOSITION

The copper in Julio’s light switch was processed from the mineral chalcopyrite
(shown in Figure 4.1). Suppose we dissolve a sample of chalcopyrite in acid. We get
a blue solution, characteristic of copper(Il) ions. The solution gives off the odor of
rotten eggs, good evidence that sulfur is also present in the mineral. If we add
ammonia to some of the solution, the color gets much more intense, confirming the
presence of copper. We also see a brownish-red solid settling out of the solution,
which indicates that iron is also present. The tests show that copper, sulfur, and iron
are present in chalcopyrite, but how do we determine their amounts? One way is to
experiment. Suppose careful separating and measuring revealed that a 3.67-g sample
of chalcopyrite contained 1.27 g Cu, 1.12 g Fe, and 1.28 g S. While these numbers
are useful, they do not describe all samples, only our original 3.67-g sample. If we
examined a larger sample—for example, a sample with a mass of 8.33 g—the com-
position would be 2.88 g Cu, 2.54 g Fe, and 2.91 g S.

There is another convenient way to express composition that is valid for samples
of any size. We can convert the mass of each component to a percentage of the total
mass. The result is the percent composition by mass (or percent composition). It
is an expression of the portion of the total mass contributed by each element. It is
constant no matter what the size of the sample, which follows the law of definite
proportions (Section 2.1). For example, to calculate the percent copper in our 3.67-g
sample of chalcopyrite, divide the mass of copper by the mass of the sample and
multiply this ratio by 100% (to convert to a percentage):

1.27 g Cu
3.67 g sample

% Cu = x100% = 34.6% Cu

Similar calculations give 30.5% Fe and 34.9% S. The sum of those percentages is
100% (Figure 4.5).

Let’s examine this relationship more closely to see how it arises. Percent means
“per hundred.” You use percent frequently. For example, if you pay a sales tax, your
total expenditure is greater than the purchase price. For example, a total cost of 107
cents may arise from merchandise costing 100 cents with a tax of 7 cents. Although
sales tax is usually expressed as a percentage of the purchase price, what is the per-
centage of the total cost due to the tax? The percentage due to the tax is 6.54% of the
total cost. If an item costs $30, you pay $32.10, including $2.10 in taxes, which again
is 6.54% of the total cost. You pay $14.00 in taxes for every $200.00 purchased, which
is 6.54% of the total cost of $214.00. Although those numbers sound different, they
all have the same composition of 7 parts tax and 100 parts of purchase to every 107
parts of total cost. In a similar fashion, if we know the ratio of the mass of copper to
the mass of the sample, we can easily find the unknown mass of Cu in a 100-g sample.
Why? Because the ratio of the part to the whole is always the same:

1.27gCu
3.67 g sample 100 g sample

xgCu

If we rearrange the equation to solve for mass Cu, we get the following:

1.27 g Cu

—— %100 gsample =34.6 g Cu
3.67 g sample s

xgCu=

Percent Composition 123

Even though we cite the mass of
each element using the element’s
symbol, our notation does not neces-
sarily indicate that these elements
are present as atoms. Rather, they
may be present as monatomic or
polyatomic ions.

FIGURE 4.5 The percent by mass of the
component elements must total 100%.
How would this graph change if we
doubled the amount of chalcopyrite
under consideration?
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Since this is the mass of Cu per 100-g sample, the value is the % Cu:
% Cu = 34.6%

In future calculations, we will use the one-step conversion summarized by the
general equation

. fE
% E (E is any element) = _ masoth x100%
mass of sample
The percent composition by mass for any substance is always independent of the
sample size. Use Example 4.1 to convince yourself that the percentages would be
the same for an 8.33-g sample of chalcopyrite as for a 3.67-g sample.

t Composition

What is the percent copper in an 8.33-g sample of chalcopyrite that contains
2.88 g Cu?

Solution:
Set up the equation for % Cu as the mass Cu divided by the mass of the sample,
with the ratio multiplied by 100%:

% Cu = 2.88 g Cu

= x100% = 34.6% Cu
8.33 g sample

Note that the answer is the same percentage as for the smaller chalcopyrite
sample. This is what we would expect since minerals, like other chemical com-
pounds, have a constant composition throughout.

Practice Problem 4.1
What are the percent iron and the percent sulfur in an 8.33-g sample of chalco-
pyrite that contains 2.54 g Fe and 2.91 g S?

Further Practice: Questions 4.3 and 4.4 at the end of the chapter

If we know the percent composition of a particular compound, we can use this infor-
mation to determine the mass of each element in any size sample of the compound.

" EXAMPLE 4.2 rom
ant Composition

Magnetite, Fe;O,, is a mineral containing 72.4% iron. What mass of iron is pres-
ent in a 837-g sample of magnetite?

Solution:

The percent composition of a substance tells us the mass percent of the elements
present in any sample regardless of its size. The percent iron in magnetite indi-
cates that for a 100-g sample, 72.4 g of iron are present:
72.4 g iron
100 g magnetite
We can use this relationship as a conversion factor to calculate the amount of iron
present in a different sized sample of the mineral:
72.4 g iron

837 e X ————————=606gi
_g magnetIle 100 - g 1ron
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Practice Problem 4.2

Magnesium, in its ionic form, is a mineral (dietary, not geological) used by
the body in over 300 essential reactions. Magnesium carbonate, MgCO;, is
a supplement used for treating magnesium deficiency and contains 28.8%
magnesium. It is also an active ingredient in some antacids. If an antacid
tablet contains 105 mg of magnesium, how many milligrams of magnesium
does the tablet provide?

Further Practice: Questions 4.7 and 4.8 at the end of the chapter

! 4.2 | MOLE QUANTITIES

Let’s consider the copper wires in Julio’s computer. They started out as the
copper sulfide mineral chalcopyrite. When dissolved in acid, chalcopyrite
forms a blue solution that gives off a gas that smells like rotten eggs. This odor
arises from the molecular compound hydrogen sulfide, which typically forms
as a gas when an acid reacts with an ionic compound containing sulfide ions.
Hydrogen sulfide contains 94.1% S by mass and 5.9% H. However, we would
like to describe the composition of hydrogen sulfide in terms of its chemical
formula, but how can we know how many atoms of each component element
are in it? If we could count the atoms of each element in a small sample of
hydrogen sulfide, we could determine the relative numbers of each and deduce
the chemical formula.

Moles and Particles

Consider the molecular-level view of hydrogen sulfide gas shown in Figure 4.6. We
can identify individual molecules of hydrogen sulfide, with the white spheres rep-
resenting hydrogen atoms and the yellow spheres representing sulfur atoms. Each
molecule is made up of two hydrogen atoms and one sulfur atom. In a collection
of molecules, such as the four molecules pictured in Figure 4.6, we can count eight
hydrogen atoms and four sulfur atoms, giving a ratio of two hydrogen atoms per
sulfur atom, the same ratio as in each molecule.

FIGURE 4.6 Hydrogen sulfide, H,S, is given off when a sulfide ore reacts with acid.
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FIGURE 4.7 The bumps in this image
are atoms on the surface of a mica
crystal. Mica is a mineral containing
potassium and aluminum cations and
silicate and hydroxide anions.

We only have to go to the hardware
or grocery store to find many
examples of counting by weighing.
‘We buy nails and walnuts by the
pound rather than by the piece, for
example.

Recall that a formula unit is the
smallest repeating unit in an ionic
compound. The composition of

a formula unit is the same as the
composition of the ionic compound.

Counting by units other than one
piece is a common practice in other
areas as well. We count eggs in
units of a dozen, paper in units of
aream (500 sheets), paperclips by
the gross (144), and soldiers by the
battalion. It is simply more conve-
nient to use a unit that counts by the
group rather than by the individual.

‘We use the abbreviation mol for
mole, but molecule should not be
abbreviated.

Unfortunately, we cannot see atoms and molecules in this way because they are
too small. Although we can use a scanning tunneling microscope to “see” atoms
and molecules on the surface of a solid, as shown in Figure 4.7, this technique
reveals only atoms on a surface, not those beneath. Furthermore, because atoms are
so small, a dust-sized piece of a solid contains over 10'® of each type of atom. We
certainly wouldn’t want to count that many atoms individually, even if we could.
Fortunately, we don’t have to see atoms to count them. Instead we can find the rela-
tive masses of the elements in a compound. From this, we can determine the 2:1
ratio of atoms and deduce the formula H,S.

In Chapter 2, we saw that the average masses of the elements can be expressed
as their relative atomic masses. For the elements in hydrogen sulfide, the relative
atomic masses are 1.008 amu for hydrogen and 32.07 amu for sulfur. While rela-
tive atomic masses are very useful for comparing the masses of elements, atomic
mass units are not useful to chemists weighing substances to use in chemical reac-
tions like those for processing copper oxides. Common laboratory balances
measure masses in grams, not atomic mass units. We cannot weigh one or even a
few atoms, molecules, or formula units of a substance, since the masses of most
atoms and common molecules are less than 107" g. To work with a mass of about
1 g, we have to measure a number of formula units greater than 10*'. For example,
to get 1 g of H,S, we would need almost 2 x 10**> molecules. To get an idea of how
large this number is, consider a teaspoon of water. There are as many molecules
of water in this teaspoon (about 1.7 x 10%®) as there are teaspoonfuls of water in
all the oceans on Earth. Similarly, there are about as many SiO, formula units in
one grain of quartz sand as there are sand grains on all the beaches on Earth.
Because numbers this large are too unwieldy to work with easily, we need some
way to measure the amount of a substance without counting the number of atoms,
formula units, or molecules.

The solution is to use a unit called the mole. A mole contains 6.022 x 10*
atoms, molecules, ions, or formula units. This number, called Avogadro’s number,
is the same as the number of atoms in exactly 12 g of the isotope carbon-12, or
12C. Figure 4.8 shows 1 mole (mol) of several different substances. Although 1 mol
contains different volumes and different masses of different materials, it is always
the same number of formula units (atoms, molecules, or ionic compound formula
units).

We can convert between moles and formula units using the following pathway:

Avogadro’s number Number of
Moles :

formula units

A formula unit can refer to an element, a molecular compound, or an ionic com-
pound. For example, a formula unit of copper is one atom of Cu, a formula unit
of elemental oxygen is one O, molecule, a formula unit of water is one H,O mol-
ecule, and a formula unit of copper(Il) chloride is one Cu** ion and two CI~ ions
together. Therefore, 1 mol of copper contains 6.022 x 10 atoms of copper, 1 mol
of O, contains 6.022 x 10% molecules of O,, 1 mol of H,O contains 6.022 x 10*
molecules of H,O, and 1 mol of CuCl, contains 6.022 x 10% formula units of
CuCl,. To get the number of formula units using Avogadro’s number, we use the
relationship:

1 mol = 6.022 x 10% formula units

We use this equivalence to set up possible conversion ratios:

6.022 x 10* formula units and 1 mol
1 mol 6.022 x 10* formula units
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FIGURE 4.8 Moles of various elements and compounds have different masses and volumes, but
the same number of formula units, 6.022 x 10%. For example, 1 mol of aluminum contains
6.022 x 10* aluminum atoms, 1 mol of water contains 6.022 x 10** H,O molecules, and 1 mol
of sodium chloride contains 6.022 x 10* NaCl formula units.

If we’re converting from moles, we use the first relationship. For example, we can
calculate the number of copper atoms in exactly 2 mol of copper as follows:

.022 x 10* formula unit
2 morer x 2022 x W07 formulaunits ) 524 b0l uniits Cu

1 molCu
A formula unit of Cu is a copper atom, so there are 1.204 x 10** copper atoms in
exactly 2 mol of copper. Convince yourself that there would be 3.01 x 10* atoms of
Cu in 0.500 mol of copper.
We can also convert between formula units and atoms or ions. To determine the
number of atoms or ions in a given number of moles of a substance, we extend the
pathway further to include analysis of the chemical formula:

Avogadro’s number chemical formula

Number of Number of

Moles

formula units atoms or ions

For example, 1 mol of O, contains 6.022 X 10?® molecules of 0O,, and one molecule
(formula unit) of O, contains two oxygen atoms:
6.022 x 10 moleeutes O, . 20atoms

1 mol-©; 1 molecule-O;
Consider another example, copper(I) oxide. How many ions does 1 mol of Cu,O

contain? Analysis of the chemical formula indicates that a formula unit of Cu,O contains
two Cu™ ions and one O ion, as shown in Figure 4.9. This gives us the following:

1 mot-O; x =1.204 x 10°* O atoms

23 . .-
. ° formula upits Cu;0-
| mol €tz x 6.022 x 10~ fo SN 2 Cu 10.ns
1 mol Ca;0 1 formulaunit-€Cu;6
=1.204 x 10** Cu*ions
23 : 2— .
. formula unitsCu50-
| . ><6022><1O fo 3 « 10 19n
1 mol Cu56" 1 formula unit-Cu;6

=6.022 x 10> 0% ions
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FIGURE 4.9 One formula unit of
Cu,0, shown highlighted, contains
two Cu* ions and one O ion.
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In 1 mol of Cu,0, there is a total of 1.807 x 10** ions.

EXAMPLE 4.3 les in One Mole

How many H,S molecules are in exactly 1 mol of hydrogen sulfide, H,S? How
many hydrogen atoms and sulfur atoms are there?

Solution:

To convert from moles of H,S to molecules of H,S, we consider the relationship
between moles and formula units for the substance of interest. In this case, the
formula unit is an H,S molecule, so 1 mol of H,S contains 6.022 x 10** H,S mol-
ecules. To determine the number of hydrogen and sulfur atoms in the sample, we
analyze the chemical formula, which tells us there are two atoms of H and one
atom of S per molecule of H,S. We can use these quantities as conversion factors
to calculate the number of H and S atoms present in exactly 1 mol of H,S:

6.022 x 10*’ molecutes H;S~ . 2Hatoms
1 molH;S™ 1 molecule H5S~
=1.204 x 10**H atoms

1 molH5S X

6.022 x 10 molecutes H;S™ . 1Satom
1 mol H5§ 1 molecule H5S~
=6.022 x 10* S atoms

1 moHES x

Practice Problem 4.3
How many N,O5 molecules are in exactly 1 mol of dinitrogen pentoxide, N,Os?
How many nitrogen atoms and oxygen atoms?

Further Practice: Questions 4.17 and 4.18 at the end of the chapter

Molar Mass

The relative atomic mass is the average mass of atoms of an element in atomic mass
units. This definition describes the average mass of one atom, but we can extend it
to larger quantities of matter as well. Recall that the basis of the definition is that
one atom of '>C has a mass of exactly 12 amu. Avogadro’s number has been defined
so that the mass of 1 mol of '*C (that is, 6.022 x 10* atoms of '?C) is exactly 12 g.
Consequently, the mass of a basic particle of any substance in atomic mass units and
the mass of 1 mol of the substance in grams have exactly the same numerical value.
The definition of a mole can be restated, then, in terms of the mass of our reference,
12C: A mole is the amount of substance that contains as many basic particles (atoms,
molecules, or formula units) as there are atoms in exactly 12 g of >C. The term that
describes the mass of 1 mol of a substance is molar mass.

Since the molar mass value for any atom, in units of grams per mole (g/mol), is
numerically the same as the relative atomic mass value (in units of amu per atom),
we can use the periodic table to determine the molar mass of any element or com-
pound. For example, the average mass of 1 hydrogen atom is 1.008 amu, and the
mass of 1 mol of hydrogen atoms is 1.008 g. The molar mass of a molecular or ionic
substance has the same value as the sum of the relative atomic masses of its compo-
nent elements. For example, the average mass of a molecule of H,S is 34.07 amu,
and its molar mass is 34.07 g/mol. Molar masses of molecules (or formula units) are



obtained by adding the molar masses of the component elements, each weighted by
the number of that atom in the molecule (or formula unit). For simplicity, we will
abbreviate molar mass as MM.

EXAMPLE 4.4 Masses of Substances

When copper sulfide ores are roasted in a furnace, sulfur dioxide gas, SO,, forms.
What is the molar mass of SO,?

Solution:

The molar mass of a compound is the sum of the molar masses of its component
elements—in this case, sulfur and oxygen. A molecule of sulfur dioxide contains
one sulfur atom and two oxygen atoms, so we must multiply the molar mass of
oxygen by a factor of 2. We can find the molar masses of sulfur and oxygen on a
periodic table, multiply the molar mass of oxygen by 2, and find the sum:

Mass of 1 mol of S =1 mol x32.07 g/mol =32.07¢g
Mass of 2 mol of O =2 mol x 16.00 g/mol =32.00¢g

Mass of 1 mol of SO, =64.07¢g
The molar mass of SO, is 64.07 g/mol.

Practice Problem 4.4

Many of the minerals that yielded the copper used to make Julio’s brass bed
came out of the ground in ores of silicon dioxide, SiO,. What is the molar mass
of Si0,?

Further Practice: Questions 4.27 and 4.28 at the end of the chapter

So far we have seen that composition can be expressed in terms of mass (percent
composition), atoms in a molecular compound, or ions in formula units of an ionic
compound. We can also express the composition of a substance in terms of the
number of moles of each element.

The number of moles of a substance is directly proportional to the mass of the
substance. The ratio of mass to number of moles is always the same. It equals the
molar mass, which is the mass of 1 mol. Recall the 3.67-g sample of chalcopyrite
that contains 1.27 g Cu. Suppose we want to know how many moles of copper are in
this amount. We can equate the ratio of 1.27 g of copper to the unknown number of
moles of copper and the mass-to-mole ratio for 1 mol of copper (the molar mass):

127¢Cu_ 63.55g Cu
xmolCu  1mol Cu

We rearrange this equation to solve for moles of copper:
1 mol Cu

63.55 gCcu

The ratio approach will always work to solve problems such as these, but we can
generally solve them more quickly by using dimensional analysis. For a review of
the ratio approach and the dimensional-analysis approach, see Math Toolbox 1.3.
The conversion of mass to moles follows this pathway:

K molar mass
Mass in grams s> | Moles

xmol Cu=1.27 g€u x =0.0200 mol Cu
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Conversion between mass and moles
is very common. For example, if we
want to figure out how much of a
substance is formed by a chemical
reaction, we have to convert masses
of starting materials to moles and
then figure out the moles of the
substance formed. Then we can
determine the mass of that product.
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In dimensional analysis, we start with an expression that equates two equivalent
quantities. Here, we know that 1 mol of Cu has a mass of 63.55 g. The equivalence
expression is

1 mol Cu = 63.55 g Cu

We use this expression to create a ratio of the two quantities. The ratio can be
expressed in two ways:

63.55 g Cu and 1 mol Cu
1 mol Cu 63.55 g Cu

We select the ratio that will cancel the old units (grams in this case) and introduce
the new units (moles). We multiply the starting quantity (1.27 g Cu) by the ratio to
obtain the moles of copper:

1 mol
mol Cu=127 g€ x MY _ 60200 mol Cu

63.55 gcu
This equation is the same as the final equation developed in the ratio approach.
We will use dimensional analysis for the remaining examples in this chapter, but
remember that the same results can be obtained either way.
Example 4.5 demonstrates the dimensional-analysis approach for calculating
the moles of Fe and S in our sample of chalcopyrite.

" EXAMPLE 4.5 from Mass

How many moles of iron are in the 1.12 g of Fe found in our sample of chalcopyrite?

Solution:
From the periodic table, we obtain the molar mass of iron to use in an equiva-
lence expression:

1 mol Fe = 55.85 g Fe

We use this expression to create two possible conversion ratios:
55.85gFe 1 mol Fe
1 mol Fe 55.85 gFe

Since we want to convert grams to moles, we select the second conversion ratio
to carry out the conversion:

mol Fe = 1.12/g/F€xﬂ=0.0201 mol Fe

55.85 g Fe

Practice Problem 4.5
How many moles of sulfur are in the 1.28 g of S found in our sample of chalcopyrite?

Further Practice: Questions 4.37 and 4.38 at the end of the chapter

So far we have calculated 0.0200 mol Cu, 0.0201 mol Fe, and 0.0399 mol S
(obtained in Practice Problem 4.5) in the 3.67-g sample of chalcopyrite using the
molar mass of the elements. We can calculate the moles of a compound in a similar
manner. We use the molar mass of the compound in the same way that we used the
molar mass of an element to make the conversion from mass to moles. In addition,
if we know the number of moles and need the mass, we can use the molar mass to
create a ratio for converting moles to mass. Example 4.6 illustrates this situation.
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" EXAMPLE 4.6 rom Moles

While Julio puzzles over mole-to-mass conversions, a friend heats water in
a copper kettle and makes him a cup of tea. He tells Julio he placed 0.0120 mol
of table sugar (sucrose, C,,H,,0O,) in the tea. What mass of sugar has he
added?

Solution:

We use the molar mass of sugar to convert moles to mass. First we obtain the
molar mass from the molar masses of the atoms, each multiplied by the number
of atoms of that element in the formula of the compound C,,H,,0,,:

Mass of 12 mol of C =12 mol x 12.01 g/mol = 144.1 g
Mass of 22 mol of H =22 mol x 1.008 g/mol = 22.2 g
Mass of 11 mol of O =11 mol x 16.00 g/mol = 176.0 g

Mass of 1 mol of C;,H,,0; =3423¢g
The molar mass of C,H,,0y, is 342.3 g/mol. Now we have an equivalence expression:

1 mOl C12H22011 = 3423 g C12H22011

MATH

From this expression, we have two possible ratios for conversion between units: T°;"-;°x
3423 g C,H,,0,, and 1 mol C,H,,0,,
1 mol C,H,,0,, 3423 g C,H,,0,,

We know moles and want to calculate mass, so we use the first ratio:
3423 g C,,H,,0,,
1

g C,H,,0,, =0.0120 mol G507, X =4.11gC,H,,0,,

12772211

This is about the amount of sugar in one teaspoonful.

Practice Problem 4.6

Julio’s friend prefers an artificial sweetener such as aspartame, C;4,HsN,Os, in
his tea. A packet of aspartame contains 40 mg of sweetener. How many moles of
aspartame are in the packet? What mass of aspartame would give 0.0120 mol?
How many packets is this?

Further Practice: Questions 4.43 and 4.44 at the end of the chapter

Earlier in this section we showed that if we know how many moles of a substance
are in a sample, we can calculate the number of formula units in this sample. For
example, because we know the number of moles of each element in our 3.67-g sample
of chalcopyrite, we can calculate the number of atoms it contains. Recall that we found
0.0200 mol Cu, 0.0201 mol Fe, and 0.0399 mol S in the sample. To get the number of
atoms of Cu, use the relationship between moles and Avogadro’s number:

1 mol = 6.022 x 10* atoms o
We use this equivalence to set up the possible conversion ratios: 1.3
6.022 x 10 atoms 1 mol
and 3
1 mol 6.022 %10~ atoms

Since we must convert moles to number of atoms, we use the first ratio:

23
Atoms Cu = 0.0200 moteq x 2022 X107 alomsCu _ o102 oms Cu

1 mel€Cu

131
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Similar calculations give us the number of iron and sulfur atoms: 1.21 x 10°* Fe
atoms and 2.40 x 10** S atoms. (If you need to review mathematical operations
using scientific notation, see Math Toolbox 1.1.)

Suppose we do not know the number of moles of the substance, but we know
its mass. To find the number of formula units, we first have to convert the mass
to moles, using the molar mass. Then we find the number of formula units using
Avogadro’s number. In the final step, we use the chemical formula to determine the
number of atoms or ions. The conversion between mass, moles, number of formula
units, and atoms or ions involves molar mass, Avogadro’s number, and the chemical
formula, and follows this pathway:

A molar mass Avogadro’s number Number of chemical formula Number of
o PN e DS g T =

Any of these conversions can be carried out in either direction. Each equiva-
lence expression (using molar mass or Avogadro’s number) can be used to create
two conversion ratios. One of them converts units left to right; the other converts
units right to left.

, EXAMPLE 4.7 her of Molecules from Mass

A substance named Agorca M5640 (officially 5-nonyl salicylaldoxime) is used
for concentrating extracted copper ore. Its molecular formula is C,;H,sNO,. It
has a molar mass of 263.4 g/mol. If you have a 150.0-g sample of Agorca M5640,
how many molecules do you have?

Solution:

To convert from mass to number of molecules, we will need two conversion
steps. First, we need equivalence expressions for each conversion, using the
molar mass and Avogadro’s number:

1 mOl C16H25N02 = 2634 g C16H25N02
1 mOl C16H25N02 = 6022 X 1023 InOleCllleS C16H25N02
We use expressions to develop possible conversion ratios:

1 molC,;H,NO, 26345 C,H)NO,
= an
263.4 g C,H,,NO, 1 mol C,H,;NO,

6.022 x 10** molecules and 1 mol
1 mol 6.022 x10* molecules

Following the pathway outlined earlier, we start with 150.0 g C,4H,sNO, and
convert this quantity to moles. Then we convert moles to molecules. The first of
each pair of conversion ratios are used in the calculation:

1 61 251\
Molecules C,(H,.NO, =150.0_g C_H-NO; X
263.4_g C H-NO,

» 6.022 x10* molecules C,H,sNO,
1 mol CH5:-NO;
=3.430x 10> molecules C,,H,;NO,
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Practice Problem 4.7

After working through this example, Julio develops a headache and takes an
aspirin tablet. One 5-grain aspirin tablet contains 0.324 g of acetylsalicylic acid
(CyHzO,4, molar mass = 180.2 g/mol). How many molecules of acetylsalicylic
acid are in one tablet?

Further Practice: Questions 4.51 and 4.52 at the end of the chapter

4.3 | DETERMINING EMPIRICAL
AND MOLECULAR FORMULAS

We have seen how to express the composition of a substance in terms of masses,
percent composition, moles, and atoms or molecules of the component elements.
While these are all useful ways to express composition, none of them is very
compact. In this section we will see how to convert such information into a chemical
formula, which is an efficient way of representing the composition of a substance.

Empirical and Molecular Formulas

There are two types of chemical formulas that are related to the composition of
a substance. An empirical formula expresses the simplest ratios of atoms in a
compound. It is written with the smallest possible whole-number subscripts. It is
not always the same as a molecular formula (review Section 3.3), which expresses
the actual number of atoms in a molecule. The molecular formula is either the same
as the empirical formula, or it is some multiple of the empirical formula. Thus,
the molecular and empirical formulas for water, with two hydrogen atoms and one
oxygen atom per molecule, are both H,O. The molecular formula for hydrogen
peroxide, which contains two hydrogen atoms and two oxygen atoms, is H,O,,
but its empirical formula is HO. The difference between molecules of water and
hydrogen peroxide is shown in Figure 4.10.

For some substances there is no useful molecular formula, because no specific
molecule can be identified in the structure. Quartz sand, for example, is simply net-
works of silicon and oxygen atoms linked together as shown in Figure 4.11. The atoms
occurin a 1:2 ratio, and the substance, silicon dioxide, is commonly represented by the
empirical formula SiO,. Similarly, formulas for ionic compounds are usually empirical
formulas. As shown in Figure 4.12, a copper(Il) oxide crystal contains equal numbers
of copper(Il) ions and oxide ions, but no molecules. For such ionic compounds, we
represent the compound symbolically with its empirical formula.

Whenever possible, chemists like to use molecular formulas. Molecular for-
mulas contain more information—not only the ratios of atoms but also the actual
numbers of atoms in a molecule. Consider, for example, the substances benzene
and acetylene. They have the molecular formulas C¢Hg and C,H,, respectively
(Figure 4.13). Both have the empirical formula CH. The empirical formula tells us
only that their molecules contain carbon and hydrogen atoms in equal numbers, or
in a 1:1 ratio. It does not distinguish benzene and acetylene. We need molecular
formulas to tell them apart. Some other examples of empirical and molecular for-
mulas are given in Table 4.1.

2

H,0

H,0,

FIGURE 4.10 For the water molecule,
the molecular and empirical formulas
are the same, H,O. For hydrogen
peroxide, the smallest ratio of hydrogen
to oxygen atoms is 1:1, but the molecule
actually contains two atoms of each, so
the molecular and empirical formulas
are different—namely, H,0, and HO,
respectively.
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FIGURE 4.11 In quartz, there are two
oxygen atoms for every one silicon atom,
but there is no identifiable SiO, molecule.
For such extended structures, there is no
molecular formula, only an empirical
formula.

FIGURE 4.12 In ionic solids, the empirical
formula represents the smallest repeating
unit in the crystal, the formula unit. These
crystals of tenorite contain equal numbers
of copper(Il) ions and oxide ions, so the
formula is CuO.

CeHg

s

GH,

FIGURE 4.13 Benzene, C¢Hg, and
acetylene, C,H,, have the same
empirical formula, CH.

Examine Figure 4.14 and determine the empirical formula for each substance
shown. To do this, find the smallest subscript and divide the other subscripts by
its value. If the other subscripts are evenly divisible by the smallest one, then the
division results in the empirical formula. Sometimes, if this fails, all the subscripts
may be evenly divisible by some other number, so other choices have to be checked
as well. If the subscripts are not evenly divisible by some number other than 1, the
molecular formula and the empirical formula are the same.

TABLE 4.1 | Some Empirical and Molecular Formulas

Substance Molecular Formula Empirical Formula
cyclopentane CsH,, CH,

cyclohexane CeHy, CH,

ethylene C,H, CH,

hydrogen sulfide H,S H,S

calcium chloride There is no molecular formula for CaCl,

an ionic compound.
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CH,Cl,
CeH;Cl4
N,O
H,C,0, 2
C,Hg CH,CHCH;, P,06

FIGURE 4.14 For which of these substances is the empirical formula the same as the molecular
formula?

EXAMPLE 4.8 lal and Molecular Formulas

Consider the molecular formula C¢H;Cl; (see Figure 4.14). What is the empirical
formula of this compound?

Solution:

The subscripts in the formula are all evenly divisible by 3, the smallest subscript.
Carrying out this division gives us C¢;3H;5Cls3 or C,HCI as the empirical for-
mula. The molecular formula is three times the empirical formula.

Practice Problem 4.8
What is the empirical formula of each of the following compounds?

(a) CH,CL, (b) CH,CO,H () P,0,

Further Practice: Questions 4.67 and 4.68 at the end of the chapter

Determining Empirical Formulas

We can now determine empirical formulas from data on the chemical composition
of a compound. Recall, for example, our 3.67-g sample of chalcopyrite. It contained
1.27 g Cu, 1.12 g Fe, and 1.28 g S. We have converted the masses of the constituent
elements to numbers of moles and numbers of atoms. Either of these sets of numbers
can give us a chemical formula. Because the numbers are easier to manipulate,
let’s use the number of moles: 0.0200 mol Cu, 0.0201 mol Fe, and 0.0399 mol S.
To write a chemical formula for chalcopyrite, we need only convert these values to
whole numbers. Why? Because the relative number of moles of atoms in a sample
of a compound must be the same as the relative number of atoms in one formula unit

135
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or one molecule of this compound. To get the relative number of atoms, divide the
number of moles of each element by the number of moles of the element present in
the least amount. In this example, copper is present in the least amount, so we need
only divide the moles of Fe and S by the moles of Cu to reduce all the numbers to
whole numbers:

0.0201 mol Fe _ 1.01 Fe
0.0200 mol Cu  1.00 Cu

0.0399 mol S _ 2.00S
0.0200 mol Cu  1.00 Cu

Slight errors in the experimental determination of the masses can yield values that
are close to whole numbers, but not exactly. In such cases, we can safely round the
values to whole numbers.

When rounded, the whole-number values indicate that there are 1 mol Cu, 1 mol
Fe, and 2 mol S in 1 mol of chalcopyrite. From these results, we can write the empirical
formula of chalcopyrite as CuFeS,. The procedure and the result would be the same if
we used the number of atoms of each element instead of the number of moles.

Empirical Formulas from Percent Composition

The copper in Julio’s lights, refrigerator, bed, and computer came from different
minerals, but the same procedures we used to determine the empirical formula for
chalcopyrite can be used when working with any of the others. For compounds
containing only two elements, A and B, the conversions from percent composition
to empirical formula can be represented schematically as follows:

mass of compound MM of A
_> Mass A Moles A —;
Starting point for Starting point for Starting point for Moles A i Empirical
percent composition mass of each element ~ moles of each element | Moles B formula

mass of compound MM of B
_> Mass B Moles B

If the compound contains more than two elements, we add a line to the schematic
for each additional element.

If we know the percent composition instead of actual masses, we must convert
percent composition to relative masses before we calculate moles. The simplest
approach is to use a hypothetical sample weight of exactly 100 g, so the percent
composition is numerically equal to the mass of each component. We can actually
pick any mass. The exact sample mass is not important since we calculate the ratio
of moles in the sample, and this ratio is independent of the sample size.

EXAMPLE 4.9 rical Formula
1 Percent Composition

Determine the empirical formula for the mineral chalcocite, which has the per-
cent composition 79.8% Cu and 20.2% S.

Solution:
If the sample of chalcocite has a mass of 100 g, the masses of copper and sulfur
will be numerically equal to their percent composition values:
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79.8% of 100 g is 79.8 g = mass Cu

20.2% of 100 g is 20.2 g = mass S
Next we convert the mass of each element into its number of moles. The equiva-
lence expressions arise from the molar masses of the elements:

1 mol Cu = 63.55 g Cu
I molS =3207¢gS

We convert these expressions to ratios to convert mass to moles: roamH

63.55 g Cu an 1 mol Cu 1.3
1 mol Cu 63.55 g Cu

3207¢S 1 mol S
1 mol S 32.07¢S

Since we need to cancel grams of each element and calculate moles, the second
ratio is used in each case:

mol Cu=79.8 g x—ACY_ _j 56 mol Cu
63.55 geu
mol =202 g8 x—2US _ 6630 mol's
32.07 g8

Finally, divide by the smaller of the two mole quantities:
molCu 1.26 mol Cu _ 2.00 Cu
molS  0.630molS  1.00S

Since 2 mol of copper are present for each 1 mol of sulfur, the empirical formula
is Cu,S.

Practice Problem 4.9
Determine the empirical formula for the mineral covellite, which has the percent
composition 66.5% Cu and 33.5% S.

Further Practice: Questions 4.73 and 4.74 at the end of the chapter.

Empirical Formulas for Compounds
Containing More Than Two Elements

For a compound that contains more than two elements, we follow the same proce-
dure, but we add a series of conversions for each additional element.

irical Formulas
More Than Two Elements

" EXAMPLE 4.10

The mineral malachite is a beautiful green color, often with swirling bands of
different intensity. It is often used in jewelry because of its attractive appear-
ance. An analysis of malachite gives the following composition: 57.48% copper,
5.43% carbon, 0.91% hydrogen, and 36.18% oxygen. Determine the empirical
formula of malachite. Malachite
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Solution:

Consider a 100-g sample of malachite, so the masses of each element are numeri-
cally the same as the percent composition. Then calculate the moles of each ele-
ment in 100 g of the compound. We use the molar masses to create equivalence
expressions and convert them to ratios for the conversions. As in Example 4.9,
the correct ratio has moles divided by grams:

1 mol Cu=63.55 g Cu 1 mol Cu
63.55 g Cu
ImolC=12.01gC I mol C
1201 ¢gC
I molH=1.008 gH 1 mol H
1.008 g H
1 mol O=16.00g O 1 mol O
16.00 g O

We multiply the mass of each element by the corresponding conversion ratio to
get moles of this element:

mol Cu = 5748 gt x—% Y _ 6 9045 mol Cu
63.55 g€

mol C=543 gex "€ _ 450 mol C
1201 g&

mol H=091 gHx " _690mol 1
1.008 gH

mol 0=36.18 26 x "0 5 261 mol 0

16.00 g©

To calculate the mole ratios, first identify the element present in the smallest
amount in moles. In this example, it’s carbon. Then divide the moles of each of
the other elements by the moles of carbon:

mol Cu_ 0.9045 mol Cu_ 2.00 Cu

molC  0.452 mol C 1.00 C

mol H B 0.90 mol H _ 1.99 H
molC  0.452molC  1.00 C

mol O 2.261 mol O _ 5.00 O
molC  0.452molC  1.00 C

When the mole ratios are rounded to the nearest whole number, we see that one
formula unit has one carbon atom, two copper atoms, two hydrogen atoms, and
five oxygen atoms. From this information, we can write the empirical formula
Cu,COsH,. [The formula is usually written as Cu,(OH),COj, to show which ions
are found in the mineral. Malachite contains two anions, hydroxide, OH", and
carbonate, CO32*. However, this cannot be deduced from the empirical formula
for this compound.]
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Practice Problem 4.10

Another copper mineral is chrysocolla. An analysis of chrysocolla gives the
following composition: 36.18% copper, 15.99% silicon, 2.29% hydrogen, and
45.54% oxygen. Determine the empirical formula of chrysocolla.

Further Practice: Questions 4.75 and 4.76 at the end of the chapter

Empirical Formulas with Fractional Mole Ratios

In Example 4.10, we calculated a mole ratio of 1.99, which we rounded to a value of
2. The decimal values will not always be that close to a whole number, so rounding
off is not always appropriate. The ratios may, however, have fractional values that
correspond to ratios of small whole numbers, such as 1.25 (5/4), 1.33 (4/3), 1.50
(3/2), and 1.67 (5/3). In such cases, we multiply each ratio by a small whole number
to make all the subscripts whole numbers. For example, a compound of nitrogen and
oxygen has the following mole ratio:

mol O 2.50 mol O
mol N 1.00 mol N

Multiplying each number by 2 corresponds to a whole-number ratio of 5/2. Thus,
there must be five oxygen atoms for every two nitrogen atoms in the compound,
giving the formula N,Os.

irical Formulas
Fractional Mole Ratios

The copper mineral azurite has the deep-blue color azure. Azurite contains
55.31% copper, 6.97% carbon, 37.14% oxygen, and 0.58% hydrogen. Calculate
the empirical formula of azurite.

Solution:
Calculate the moles of each element in 100 g of the compound, following the
same procedure used in Examples 4.9 and 4.10:

mol Cu =55.31 g€t X _lmolCu =0.8703 mol Cu

63.55 g €0

mol C=6.97 g€ x "€ _ (580 mol C
1201 g€

mol H=058 e x "M _ () sgmol
1.008 gH

mol0=37.14 g6 x—2%0 531 mol0

16.00 g©

Now calculate the ratio of the moles of each element to the moles of the element
present in the smallest amount (carbon or hydrogen):

Azurite

139
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All compounds with the same
empirical formula have the same
percent composition. In such cases,
we cannot distinguish between the
compounds by comparing either
the percent compositions or the
empirical formulas.

FIGURE 4.15 Three formula units of CH,
make up one molecule of C;H,. The
masses of the formula units (14.04 g/mol)
make up 1 molar mass of 42.12 g/mol.

mol Cu _ 0.8703 mol Cu _ 1.50 Cu
mol C 0.580 mol C 1.00 C

mol H _ 0.58 mol H _ 1.0H
molC  0.580 molC  1.00 C

molO  2.321molO _ 4.00 O
molC  0.580molC  1.00 C

One of the ratios is not close to a whole number, but it corresponds to a ratio
of whole numbers (3/2). We can multiply this ratio by 2 to get a whole number.
We must also multiply all the other ratios by 2. Thus, for every 2 mol of C,
we have 3 mol of Cu, 2 mol of H, and 8 mol of O. The empirical formula is
Cu;C,H,04. [This formula is usually written Cu;(CO3),(OH), to identify the
ions in the mineral.]

Practice Problem 4.11

Shattuckite is a fairly rare copper mineral. It has the composition 48.43% copper,
17.12% silicon, 34.14% oxygen, and 0.31% hydrogen. Calculate the empirical
formula of shattuckite.

Further Practice: Questions 4.77 and 4.78 at the end of the chapter

Molecular Formulas from Empirical Formulas

The molar mass of a compound can be determined experimentally by a variety of
methods. We can also calculate the mass of 1 mol of formula units, using the
empirical formula. Comparing the experimental and calculated masses allows us
to determine and confirm the molecular formula of a compound. In other words,
if the experimental molar mass is the same as the calculated one, the molecular
formula is the same as the empirical formula. If the experimental molar mass is
greater than that calculated from the empirical formula, then the molecular formula

Formula units Mass of formula units
CH, CH, 14.04 g/mol  14.04 g/mol

14.04 g/mol

C;Hg 42.12 g/mol

N / \ - /

Molecular formula Molar mass



4.3 Determining Empirical and Molecular Formulas 141

is some multiple of the empirical formula. For example, ethene has an empirical
formula of CH, and a molar mass of 42.12 g/mol. The molar mass calculated for
the empirical formula CH, is 14.04 g/mol. Taking the ratio of the experimental
molar mass to the calculated molar mass for the empirical formula indicates a
multiple of 3 for the molecular formula (Figure 4.15). The molecular formula of
ethene is C;Hg.

Many copper and brass cleaners contain oxalic acid, which consists of 26.68%
carbon, 2.24% hydrogen, and 71.08% oxygen. It has a molar mass of about
90.0 g/mol. What is the molecular formula of oxalic acid?

Solution:

The empirical formula is obtained from the percent composition, as in previ-
ous examples. You should verify for yourself that this turns out to be HCO,.
The molar mass of oxalic acid is about 90.0 g/mol. If the empirical formula is
also the molecular formula, then the molar mass of HCO, should be 90.0 g/
mol. We calculate the molar mass of HCO, by summing the weighted molar
masses of the constituent atoms:

Mass of 1 mol of H = 1 mol x 1.008 g/mol = 1.008 g
Mass of 1 mol of C =1 mol x 12.01 g/mol =12.01 g
Mass of 2 mol of O =2 mol x 16.00 g/mol = 32.00 g
Mass of 1 mol of HCO, =45.02 ¢

The molar mass calculated for HCO, is 45.02 g/mol. The ratio of the experimen-
tal molar mass for oxalic acid and the calculated molar mass for its empirical
formula is

Experimental MM 90.0 g/mol )
Calculated MM 45.02 g/mol

Since 90.0 g/mol is very close to twice the molar mass calculated from the
empirical formula, the subscripts in the empirical formula must all be multiplied
by 2, and the molecular formula must be twice the empirical formula: H,C,0,.
(The structure for this compound is shown in Figure 4.14.)

Practice Problem 4.12

Potassium persulfate is a strong bleaching agent used in industrial applica-
tions and in hair bleach formulations. It has a percent composition of 28.93%
potassium, 23.72% sulfur, and 47.35% oxygen. The experimental molar mass
is 270.0 g/mol. What are the empirical and molecular formulas of potassium
persulfate?

Further Practice: Questions 4.83 and 4.84 at the end of the chapter

Determining Percent Composition

If we know a chemical formula for a compound, we can use the relationships
between moles and mass to determine its percent composition without having
to determine masses by experiment. For example, we might compare the copper
content of two minerals, such as the cuprite, Cu,O, and chalcocite, Cu,S, shown in
Figure 4.16, to determine which would yield more copper.

To simplify converting a chemical formula to a percent composition, we
can assume a sample size of 1 mol. Then the mass of an element in 1 mol of the

FIGURE 4.16 Although they have
similar formulas, cuprite, Cu,O (fop),
and chalcocite, Cu,S (bottom),
contain different percentages of
copper by mass.
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compound equals the number of moles of the element times the molar mass of

the element:
molar mass
ﬂ

The percent composition of a given element then equals the mass of this element
divided by the molar mass of the compound (which is the mass of 1 mol) and mul-
tiplied by 100% to convert to a percentage:

Moles MM of element Mass
element _> element _;
Mass element | X 100%; Percent
Mass compound composition
Moles MM of compound Mass :"
compound m— compound

For example, there are 2 mol of copper in 1 mol of Cu,O, cuprite. Thus, we can
determine that 1 mol of the compound contains 2 mol X 63.55 g/mol or 127.1 g of
copper. Adding the molar masses of the elements gives 143.1 g/mol for the molar
mass of cuprite, so 1 mol has a mass of 143.1 g. The percent copper in the compound
is thus

127.1¢g

% Cu = % 100% = 88.82% Cu
143.1¢g

Since the percent composition of all the component elements must add up to 100%,
there must be 11.18% oxygen in cuprite.

" EXAMPLE 4.13

ent Composition
Chemical Formula

Calculate the percent copper in chalcocite, Cu,S.

Solution:

For chalcocite, 1 mol of the compound contains 2 mol x 63.55 g/mol or 127.1 g of
copper. Adding the molar masses of the elements gives 159.2 g/mol for the molar
mass of chalcocite. The percent copper in the compound is thus

_127.1¢g

% Cu = x100% = 79.84% Cu
159.2 ¢

Thus, chalcocite, Cu,S, contains a lower percentage of copper than does cuprite,
Cu,0, even though each contains 2 mol of copper per mole of compound. This is
because sulfur contributes a greater percentage to the mass of Cu,S than oxygen
contributes to the mass of Cu,0.

Practice Problem 4.13
Calculate the percent copper in covellite, CuS.

Further Practice: Questions 4.85 and 4.86 at the end of the chapter
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I 4.4 | CHEMICAL COMPOSITION OF SOLUTIONS

Chemical reactions between solids are normally slow, so we usually carry out such
reactions by first dissolving the compounds in a liquid to form a solution. For example,
one of the processes used to treat oxide ores of copper produces a solution containing
copper(Il) sulfate. Which of the liquids that you encounter every day are solutions?

Recall from Chapter 1 that a solution is any mixture that is homogeneous at the
molecular or ionic scale. In a solution, the substance that is dissolved is called the
solute (usually present in a lesser amount), and the substance doing the dissolving .
is called the solvent (usually present in a greater amount). Figure 4.17 shows a solu-
tion of copper(Il) sulfate (the solute) dissolved in water (the solvent). f

EXAMPLE 4.14 2 and Solvent

From this picture of a solution containing CuSO, and water, identify the solute
and the solvent.

FIGURE 4.17 1n this system, dissolved
copper(ll) sulfate is present in a lesser
quantity than water, so copper(Il) sulfate
is the solute and water is the solvent.

Solution:

In this image, the dark red spheres represent Cu”* ions. The yellow and red groups
of spheres represent SO,> ions. The pale red and white groups represent H,O
molecules. The number of Cu®* and SO,* ions is equal and is less than the num-
ber of H,O molecules. Thus, the solute is CuSO,, which yields Cu** and SO42‘
ions in solution. The solvent is H,O since it is present in the greater amount.

Practice Problem 4.14
In the following image of a solution containing hydrogen sulfide and water, iden-
tify the solute and the solvent.

Further Practice: Questions 4.91 and 4.92 at the end of the chapter

Concentration

Solutions are homogeneous mixtures, but different solutions can contain varying
amounts of solute and solvent. So, how do we express the composition of a solution?
One way is to describe its concentration, which is the relative amounts of solute
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The terms strong and weak are used
here in their everyday sense, not

in their scientific sense. When we
discuss strong and weak acids, we
are not talking about their concen-
tration, but about their ability to
dissociate in solution.

FIGURE 4.18 The color intensity of a colored solution decreases as the concentration of the
solute decreases. Compare the concentrations of ions in the solution for these copper(Il) sulfate

solutions. Which has more copper(II) ions? More sulfate ions? Which solution has the greatest
concentration?

and solvent in it. When comparing solutions, we can describe them as either dilute
or concentrated. A dilute solution contains a relatively small amount of solute,
whereas a concentrated solution contains a comparatively large amount of solute.
These terms are helpful when we compare two solutions of different concentrations,
indicating that one contains more or less solute than the other.

We see differences in concentration in everyday solutions. For example, when
Julio brews a pot of tea, the color is more intense if the tea is “strong” (concentrated)
than if it is “weak” (dilute). What are some other solutions that you see in your
environment where color gives you an indication of the concentration? What other
ways can you compare concentrations of solutions? The concentrations of sugar
solutions could be compared by how slowly they pour or by their density. If you
compared a teaspoonful of sugar dissolved in a cup of water to molasses or syrup
(also sugar solutions), which would pour more slowly? Which would be denser?
Taste is another way we compare concentration in our daily lives (but never in the
laboratory), but it is not an accurate measure of concentration. Would you want the
nurse in the hospital to taste the saline solution to see if it is the correct concentration
before putting it into your IV?

A variety of experimental methods allows us to determine the concentrations
of solutions. For example, if the solute is colored and the solvent is colorless, then
the intensity of color in the solution is a measure of its concentration. Consider the
aqueous solutions of copper(Il) sulfate shown in Figure 4.18. The more copper(Il)
sulfate dissolved in the water, the more intense is the blue color due to the Cu** ions.

Figure 4.18 also shows, at a molecular level, how the relative amounts of solute
and solvent vary with the concentration. If you count the solute particles [copper(Il)
ions and sulfate ions] and compare them to the number of water molecules, you
can see that as the solution becomes more dilute, the number of ions in a measured
amount decreases and the number of water molecules in that same measured amount
increases. Because the concentration of copper(Il) ions decreases relative to the
number of water molecules, the color of the blue solution fades.

Percent by Mass

Just as we could express the composition of a chemical compound as a percent by
mass of each component, we can do the same for the composition of a solution.
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The percent by mass equals the mass of the solute divided by the mass of solution,
multiplied by 100% to convert the ratio to a percentage:
mass solute

% mass = ——— X 100%
mass solution

For example, hydrochloric acid is sold in solutions that are 36% by mass HCI, with
the remainder of the mass supplied by the solvent, water. The mass of solution is the
sum of the masses of solute and solvent. This way of measuring concentration has
two advantages. First, it does not depend on temperature. The volume may change
with temperature, but the mass does not. Second, although the volume of a solution
may be affected by the presence of solute, the percent mass is unaffected. Thus,
we don’t need special glassware that measures exact volumes to prepare solutions
accurately by mass.

Molarity

In addition to percent by mass, the concentration of a solution can be expressed in a
variety of ways. One of the most common is molarity (M). The molarity of a solution
is the number of moles of solute dissolved in 1 L of solution. The molarity of any solu-
tion can be calculated by dividing the moles of solute by the liters of solution:

moles of solute

Molarity = ———
v liters of solution

A solution having a volume of 1.000 L and containing 159.6 g (1.000 mol) of CuSO,

is a 1.000 M copper(Il) sulfate solution. If the liter of solution had half this much  In Chapter 11 we will see how
copper(Il) sulfate, 79.8 g, its concentration would be 0.500 M. What would the con- ~ chemical reactions can be used
centration be if 79.8 g were contained in 0.500 L of solution? to determine how much solute is

Molarity is calculated from liters of solution, not liters of solvent. How large the ~ Presentina solution.

difference is depends on the concentration of the solution. Dilute solutions contain

only a small amount of solute. The volume of such solutions is very nearly the same

as the volume of solvent. However, the difference can be significant for solutions

in which the volume of the solvent is significantly less than the volume of the solu-

tion. To ensure accuracy, solutions of the desired molarity are usually prepared in

volumetric flasks, as shown in Figure 4.19. &Y ANIMATION: Making a Solution

FIGURE 4.19 Solutions of known molarity are usually prepared in volumetric flasks, which are calibrated to contain a specific volume. (A)
To prepare 250 mL of a 0.100 M solution of CuSO,*5H,0, weigh 6.24 g (which is 0.0250 mol) of the solute. (B) Transfer it to the flask and
add some solvent, water. Dissolve the solute by swirling. (C) Solvent is added with swirling until the bottom of the liquid surface just
matches the marked line on the neck of the flask. (D) Then a stopper is inserted into the flask and the flask is inverted several times to
thoroughly mix the contents. Convince yourself that this procedure will indeed result in a solution whose concentration is 0.100 M.
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MATH
TOOLBOX

1.3

If we know the mass of the solute and the volume of the solution, we can calcu-

late the molarity of the solution. To begin, calculate the number of moles of solute
contained in the solution. Then divide by the volume, in liters, of the solution.

ity of Solutions

A solution is prepared from 17.0 g of NaCl dissolved in sufficient water to give
150.0 mL of solution. What is the molarity of the solution? (The molar mass of
NaCl is 58.44 g/mol.)

Solution:
We know the volume of solution, but we must find the moles of solute before we
can calculate the molarity:

MM I
q Moles of solute VO%

The moles of sodium chloride can be calculated from its mass using the molar
mass, as we have done previously:

1 mol NaCl
58.44 g Na€l'

Convert the volume to units of liters:

mol NaCl=17.0 g Na€T x =0.291 mol NaCl

Volume (L) =150.0 ml x L =0.1500 L
1000 mt

Divide the number of moles by the volume in liters to get molarity:

0.291 mol NaCl 04 mol NaCl

—=1. —=194M
0.1500 L solution L solution

Molarity =

Practice Problem 4.15
A solution is prepared from 22.5 g of H,S dissolved in sufficient water to give
250.0 mL of solution. What is the molarity of the solution?

Further Practice: Questions 4.99 and 4.100 at the end of the chapter

We commonly express the concentration of a solution as a molarity of the

solute compound. For example, a solution might contain 0.100 M CuCl,. If we are
interested in the concentrations of ions in a solution of this ionic compound, we
must account for the fact that the solution contains twice as many chloride ions as
copper(Il) ions (Figure 4.20). For each formula unit of CuCl, in the solution, we
have one Cu?* ion and two CI” ions. For each mole of CuCl, in the solution, we have
1 mol of Cu** ions and 2 mol of CI” ions. Thus, the 0.100 M CuCl, solution contains
0.100 M Cu** and 0.200 M CI".

If we know the volume of a solution and the molarity, we can calculate the

moles of the solute:

Volume of el i Moles of
solution solute
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B

FIGURE 4.20 (A) One formula unit of CuCl, consists of one Cu®* ion and two CI ions. (B) For
every formula unit that dissolves in water, one aqueous Cu* ion and two aqueous CI- ions form.

' EXAMPLE 4.16 from Volume and Molarity

Hypokalemia is a medical condition also known as potassium deficiency. The
disease can be treated with potassium chloride supplements administered orally
or, in extreme cases, intravenously. However, great caution must be used in intra-
venous administration because KCI can cause cardiac arrest. How many moles
of KCl are present in 1.50 L of a 0.0200 M solution? How many moles of K* ion
are present?

Solution:

We know the volume in liters and molarity of the KCI solution and want to cal-
culate the moles of solute present. The molarity of the solution can be expressed
in two ways and can be used as a conversion factor:

0.0200 mol KClI an 1 L solution
1 L solution 0.0200 mol KCl

To get from volume to moles, we multiply by the molarity conversion factor that
cancels units of liters and gets us to units of moles:

mol KCI = 1.50_L-selatiomr X w =0.0300 mol KCI TooLBOX
1 L-seluttonr 1.3

To determine the moles of K* ion present, we must inspect the chemical formula.
For every mole of KCl, there is 1 mol of K*:

1 mol KClI 1 mol K*
and
1 mol K* 1 mol KCl

To get from moles of KCI to moles of K¥, we use the conversion factor that can-
cels the appropriate unit:

1 mol K*
mol K"=0.0300 X —————— =10.0300 mol K~
moHKCT i
Since 1 mol of K* ion is present for every mole of KCl, the solution contains

0.0300 mol K* ion.

Practice Problem 4.16
Calculate the moles of solute present in 325.0 mL of a 0.200 M NaCl solution.

Further Practice: Questions 4.101 and 4.102 at the end of the chapter
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Many ionic compounds, especially
those of the transition metals,
contain not only a metal cation
and a nonmetal anion or oxoanion,
but also water molecules. Such
compounds are called hydrates.
The amount of water in a formula
unit of the compound is shown by
the formula of water preceded by
the number of water molecules

in a formula unit that is separated
from the rest of the formula by

a centered dot. An example is
CuSO,*5H,0, which, as can be
seen in the photo, has different
properties than CuSO,. The blue
material in the center of the CuSO,
was obtained by adding water.

CuS0,

a;\‘

\ y CuSO,+5H,0

MATH
TOOLBOX

13

If we know the volume and the molarity of a solution, we can also calculate
the mass of solute in that volume of solution. This is an extension of the process
illustrated in Example 4.16.

EXAMPLE 4.17 s from Volume and Molarity

A sample of copper ore is soaked in hydrochloric acid, giving a solution
that contains some copper(Il) chloride. If the solution has a concentration of
3.94 x 10° M CuCl,, what mass of CuCl, (in grams) is contained in 1500.0 L of
the solution?

Solution:
To determine the mass of the solute, first determine the moles of solute by mul-
tiplying the molarity by the volume of solution in liters:

volume
M Moles of solute —)

1
mol CuCl, = 1500.0 £ x 3.94x 107 % =5.91 x 10 mol CuCl,

We expressed the molarity as mol/L in order to allow the units to cancel. Molar
mass is then used to convert moles to mass:

134.5 g CuCl,

g CuCl, =5.91x 10~ mol€u€T, x
1 molCu€t;

=0.795 g CuCl,

Practice Problem 4.17

Copper compounds such as bluestone are often used to control algae in fish-
farming ponds. Bluestone is copper(Il) sulfate pentahydrate, CuSO,-5H,0, with
a molar mass of 249.7 g/mol. A sample of pond water was found to have a
concentration of 6.2 x 10> M copper(Il) sulfate. If the pond has a volume of
1.8 x 107 L, what mass of bluestone did the farmer add to the pond?

Further Practice: Questions 4.103 and 4.104 at the end of the chapter

Finally, we can calculate the volume of solution required to make a solution of

a specific concentration from a given amount of solute. Again, we need to use only
conversions arising from the definition of molarity and the gram-to-mole conversion
using molar mass.

EXAMPLE 4.18

A solution of copper(Il) acetate, Cu(CH;CO,),, is used as a green dye for textiles.
We want to prepare a 0.150 M solution of copper(Il) acetate, starting with 40.0 g
of Cu(CH;CO,),. What should be the total volume of the solution? (The molar
mass of Cu(CH;CO,), is 181.6 g/mol.)

Solution:
We need a two-step conversion to go from mass of solute to volume of solution:

MM molarit
ﬂ Moles of solute y Volume of solution
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Convert the mass of solute to moles of solute by using the molar mass
(181.6 g/mol):

1 mol Cu(CH,CO,),
181.6 g CulCH;€0,),

= 0.220 mol Cu(CH;CO,),

Then, using the molarity of the solution, convert moles of solute to volume of
solution:

mol Cu(CH,CO,), =40.0 g CWCH;€0737, X

Volume of solution =

1 L solution

0.150_mol CwCH;€05);

= 1.47 L solution

0.220_mol CuCH;€63); X

Practice Problem 4.18

Copper(Il) chlorate, Cu(Cl0Os3),, is used to treat fibers before dying them so the
dye will adhere. Suppose we wish to prepare a 0.225 M solution of Cu(ClO3),,
starting with 1.89 g of copper(Il) chlorate. What should be the total volume of
the solution?

Further Practice: Questions 4.105 and 4.106 at the end of the chapter

Dilution

Suppose you taste your lemonade and find that it is too sweet. How might you make
it less sweet? The easiest way is to add more water. Adding more water to lessen its
concentration dilutes the lemonade. To lower the concentration of a solution, we use
the process of dilution, or adding more solvent to a solution, as depicted in Figure
4.21. In this process, the relative numbers of solute and solvent particles change.
Adding more solvent increases the number of solvent particles and increases the
volume. For a given amount of the original solution, the number of solute particles
stays the same, but they are now spread out through a greater volume, so their con-
centration is less.

If we dilute a solution of known molarity, we can calculate the molarity of the
diluted solution. The number of moles of solute contained in the volume of the more
concentrated solution (V,,.) is found by multiplying the molarity (M_,,.) of this

solution by its volume in liters:
MOleSconc = MCOl'lC X VCOHC

Since we are adding only solvent, the moles of solute do not change upon dilution,
so the moles of solute before and after dilution are equal:

Moles,,,. = molesy;

The moles of solute in the diluted solution also equal the product of molarity (M)
and volume (Vy;) in liters, where the volume is the total volume after dilution:

Molesy; = Mgy X Vi
Since the number of moles of solute is unchanged, we get an equation that relates

the molarity of the diluted solution to the molarity and volume of the original, more
concentrated, solution:

M, dilVdil =M conc Vconc

MATH
TOOLBOX

1.3

Dilution is a simple way to reduce con-
centration, but how would you increase
the concentration of a solution?

&Y ANIMATION: Dilution

Rearranging an equation such as

M iV = MooneVeone involves dividing
both sides by one of the quanti-

ties. If we divide by Vy;, we get the
following ratios:

Mdil Vair = Mconc Vconc
Vair Vai
Since the terms cancel on the left

side of the equation, we get the
following rearranged equation:

M o MCOI’IC Vconc
dil = v
dil
We could divide by any of the
three other variables as well, giving
different versions of rearranged
equations.



150 Chapter 4 Chemical Composition
- ’ | -

21
[z,.

mi

1

-~

\/

| |

Concentrated solution Dilute solution

A B C D E

FIGURE 4.21 (A) A pipet is used to accurately measure 25.00 mL of 1.000 M CuSO, solution and (B) deliver it into a 250.0-mL
volumetric flask. (C and D) Water is added with swirling until the diluted solution fills the flask to the marked level. (E) As water is added,
the amount of water increases, leading to a lesser concentration of solute. A stopper is placed in the flask, and the flask is inverted several
times to completely mix the solution. The number of Cu®* ions and SO,> ions in a given volume of solution decreases, but the total number
of Cu* ions and SO,> ions in the flask is constant. The new solution has a concentration of 0.1000 M.

We can rearrange this equation to solve for the molarity of the diluted solution:

— MCOHC ‘/COHC

My, =

Vi
Thus, if 25.00 mL of a 0.1000 M copper(Il) sulfate solution is diluted to 250.0 mL, the
concentration of the diluted solution is obtained by substituting the molarity of the con-
centrated solution and the two volumes, first converted to liters, into the equation:

@ ANIMATION: Preparing a Solution by = 0.1000 M x 0.02500 Z

Dilution it = 02500 L =0.01000 M

Variations on this calculation can be carried out as long as any three of the four
variables in the equation are known.
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EXAMPLE 4.19

If 85.2 mL of 2.25 M CuCl, solution is diluted to a final volume of 250.0 mL,
what is the molarity of the diluted solution of CuCl,?

Solution:
The numbers of moles of copper(Il) chloride are the same before and after dilu-
tion, so we can use the equation for dilution:

_M

=Ty,
dil
Insert the values of the quantities and solve the equation for the molarity of the
diluted solution:
225M .0852
M, = ZBMXOBSLE 6y
0.2500 ¥

Practice Problem 4.19
If 42.8 mL of 3.02 M H,SO, solution is diluted to a final volume of 500.0 mL,
what is the molarity of the diluted solution of H,SO,?

Further Practice: Questions 4.111 and 4.112 at the end of the chapter

I SUMMARY

In this chapter you learned that metals are extracted from minerals and ores and
are used to make many useful products. Before a metal is extracted from an ore,
chemists often determine the amounts of elements in the compounds found in
the ore. Because we cannot see the atoms in compounds to count them, we must
use indirect measurements. In laboratory experiments, elements in a sample of a
compound can be separated by chemical reactions and measured in terms of their
mass. The average mass of one atom of an element is its relative atomic mass
measured in atomic mass units.

As important as the relative atomic masses are, they are impractical for every-
day use, because the amounts of a compound used in chemical processes contain
huge numbers of atoms. To work with large numbers of atoms, molecules, or ions,
we use another unit, the mole, defined as Avogadro’s number (6.022 X 10%) of
particles. The mass of 1 mol of a substance is the molar mass of that substance.
Molar masses and Avogadro’s number can be used to convert between the mass of
a sample of pure matter, the number of moles of the chemical substance, and the
number of atoms or molecules in the sample.

The chemical composition of compounds can be summarized in terms of the
masses of the component elements, the percent composition by mass, moles of
each element, and atoms or ions of each element. Each of these can be used to
determine a chemical formula that represents the composition of a compound.

Chemical formulas represent the composition of chemical compounds. An
empirical formula provides the simplest ratios of the elements, while a molecular
formula gives the actual numbers of atoms of each element in a molecule. Empirical
formulas can be determined from experimentally measured masses of the compo-
nent elements or from percent composition by mass. Molecular formulas can be
determined from empirical formulas if the molar mass of the compound is known.

The composition of a solution, a homogeneous mixture, is described by its
concentration—or the relative amounts of solute and solvent. Concentration is
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commonly expressed in terms of percent by mass or molarity, the moles of solute
per liter of solution. Dilute solutions (of lesser concentration) can be prepared
from concentrated solutions (of greater concentration) by adding known amounts
of solvent, a process known as dilution.

I KEY RELATIONSHIPS

Relationship Equation
Percent composition is expressed as the fraction of the sample mass due to a mass of E
specific element, multiplied by 100 to convert to a percent. % E (E is any element) = ——— X 100%

mass of sample

the solute, multiplied by 100 to convert to a percent.

Percent by mass composition of a solution is the fraction of the solution mass due to

mass solute
% mass = —— X X 100%
mass solution

liters of solution.

The concentration of a solution in units of molarity is the ratio of moles of solute to

Molarity = moles of solute
y liters of solution

the same value before and after dilution.

When diluting a solution, the moles of solute in the solution remain unchanged.
Moles are calculated by multiplying molarity by volume in liters. This product has

MdilVdil = Mcochconc

I KEY TERMS

dilute solution (4.4)
dilution (4.4)
empirical formula (4.3)

Avogadro’s number (4.2)
concentrated solution (4.4)

concentration (4.4)

molar mass (4.2)

percent composition by mass

molarity (4.4) “.1)
mole (4.2) solute (4.4)
solvent (4.4)

I QUESTIONS AND PROBLEMS

The following questions and problems, except for the last section of Additional Questions, are paired. Questions in a pair focus on the same
concept. Answers to the odd-numbered questions and problems are in Appendix D.

Matching Definitions with Key Terms

4.1 Match the key terms with the descriptions provided.

(a) the amount of a substance that contains the same
number of atoms, molecules, or formula units as
there are atoms in exactly 12 g of carbon-12 ('2C)

(b) the number of fundamental particles (atoms,
molecules, or ions) in 1 mol of any substance

(c) a formula written with the simplest ratios of atoms
or ions (the smallest whole-number subscripts)

(d) the substance being dissolved; usually, that
component of a solution that is present in the lesser
amount

(e) the number of moles of solute per liter of solution

(f) a solution that contains a relatively high
concentration of solute

4.2 Match the key terms with the descriptions provided.

(a) the mass of 1 mol of any substance, in units of

grams per mole

(b) an expression of the percent of the total mass due to
each element in a compound

(c) the substance doing the dissolving; usually, that
component of a solution that is present in the larger
amount

(d) the relative amounts of solute and solvent in a
solution

(e) a solution that contains a relatively small
concentration of solute

(f) the process of adding more solvent to give a solution
of lesser concentration

Percent Composition

4.3 A 24.7-g sample of limestone, CaCOs;, contains 9.88 g of
calcium. What is the percent Ca in limestone?

44 A 3.75-g sample of limestone, CaCOs;, contains 1.80 g of
oxygen and 0.450 g of carbon. What is the percent O and
the percent C in limestone?



4.5  Flonase nasal spray contains a steroid drug used to treat
allergies. The dose from one spray of the dispenser
contains 50.0 pg of active ingredient, in which there is
30.0 g of carbon. What is the percent carbon in the
active ingredient for Flonase?

4.6  In addition to its more well-known use, Viagra has
been shown to be effective in treating a rare pulmonary
disorder. A 20.0-mg dose of the drug, sold as Revatio,
contains 3.54 mg of nitrogen. What is the percent nitrogen
in Revatio?

4.7 Lithium carbonate, Li,COj3, contains 18.8% lithium and is
used in the treatment of mental illnesses such as bipolar
disorder. What mass of lithium is present in a 1.20-g dose
of lithium carbonate?

4.8 Quartz, Si0,, contains 46.7% silicon. What mass of
silicon is present in 348 g of quartz?

Mole Quantities

4.9  Write the formulas for the compounds described by the
following compositions.
(a) twice as many hydrogen atoms as sulfur atoms
(b) 1.5 times as many oxygen atoms as nitrogen atoms
(c) one-half as many calcium ions as chloride ions
4.10  Write the formulas for the compounds described by the
following compositions.
(a) three times as many hydrogen atoms as phosphorus
atoms
(b) 2.5 times as many oxygen atoms as nitrogen atoms
(c) one-third as many aluminum ions as chlorate ions

4.11 What are the formulas of the following molecules?

(a) (b) (c)

4.12  What are the formulas of the following molecules?

()

»

4.13  What is the molecular formula of these molecules?

o C
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4.14  What is the molecular formula of these molecules?

Chlorine

Si

Methane

Silicon dioxide

4.16  What are the formula units for each of the following?

(a) (c)

Sulfur dioxide

Sodium

4.17 How many NH; molecules are in 0.50 mol of NH;? How
many nitrogen atoms and hydrogen atoms are there?

4.18  How many SO, molecules are in 1.75 mol of SO,? How
many sulfur atoms and oxygen atoms are there?
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4.19
4.20
4.21
422
4.23
4.24
4.25

4.26

4.27
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4.31

4.32

433

4.34

4.35

4.36

4.37
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4.39

4.40
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How many formula units are in 0.5 mol of Cu,S? 4.43  Calculate the mass of 2.50 mol of the following
How many formula units are in 1.5 mol of CuSO,? substances.
(a) Ba(OH), (¢) K,SO,

How many sulfur atoms are in 0.2 mol of SO,?

How many oxygen atoms are in 0.2 mol of SO,? ® Cl, @ PFy .
I . 4.44  Calculate the mass of 0.750 mol of the following
How many calcium ions are in 1 mol of CaCl,?
o ] substances.

How many chloride ions are in 2 mol of CaCl,? (@ L, (¢) SiO,
Calculate the molar mass of the substances shown in (b) Mg(NO,), (d) Na;PO,
Question 4.15. 4.45 A chemical reaction requires 2.7 mol of zinc acetate,
Calculate the molar mass of the substances shown in Zn(CH;CO,),. What mass of zinc acetate is needed?
Question 4.16. 4.46 A chemical reaction is used to produce 3.4 mol of
Calculate the molar mass of each of the following copper(Il) bicarbonate, Cu(HCO,),. What mass of
compounds. copper(Il) bicarbonate is produced?

(2) Hg,Cl, (©) Cl0s 4.47 A sample of ammonia, NH;, weighs 30.0 g. Calculate the

(b) CaSO,4-2H,0 (d) NaHSO, following quantities.
Calculate the molar mass of each of the following (a) moles of NH; (¢) number of N atoms
compounds. (b) number of NH; (d) moles of H atoms

(a) K,SO, (¢) C,H/.CL, molecules

(b) NiCl,*6H,0 (d) Mg(NO3), 4.48 A sample of sodium carbonate, Na,CO;, weighs 15.0 g.
Calculate the molar mass of the following substances. Calculate the following quantities.

(a) I, (b) CrCl, (c) C,Hy (a) moles of Na,CO; (¢) number of Na* ions
Calculate the molar mass of the following substances. (b) number of Na,COj (d) moles of CO;* ions

(a) P, (b) CrO,Cl, (c) CaF, formula units
In general, why must we weigh a sample in order to 4.49  Which of these substances has the most atoms per mole?
determine the number of atoms it contains? Which has the least?

What is a mole? Why do chemists need to use the
concept?

If 1.00 mol of LiCl has a mass of 42.394 g, what is the
average mass of 1 LiCl formula unit in atomic mass units?

If one formula unit of CuCl, has an average mass of
134.5 amu, what is the mass of 1.00 mol of CuCl,?

If 2.01 x 10* molecules of a substance have a mass of
12.0 g, what is the molar mass of the substance?

If the molar mass of a substance is 98.09 g/mol, what is
the mass of 3.01 x 10?* molecules of the substance?

Calculate the number of moles in 10.0 g of the following
substances.

(a) KHCO; (c) Se

(b) H,S (d) MgSO,
Calculate the number of moles in 100.0 g of each of the
following compounds.

(a) SO, (¢) BaSO, Na

(b) Na,SO, (d) KAI(SOy), 4.50  Which of these substances has the most atoms per mole?
Calculate the moles of the following substances. Which has the least?

(2) 32.5 g NaCl (¢) 734 kg CaCO,

(b) 250.0 mg aspirin, (d) 5.47 pgCuS

:.v"‘ ,
Calculate the moles of the following substances. M/. I

(a) 72.2 g K,SO, (c) 2.82 kg magnetite,
Fe,0, ﬁ
(b) 160.0 mg oxycodone, (d) 5.00 ug sucrose, » ) _ C,Hy
CisH, NO, CpH»O0y, {‘M‘r
Which element, Mo, Se, Na, or Br, contains the most
moles of atoms in a 1.0-g sample? Sio,

Which element, Cu, P, Ag, or B, contains the least moles

of atoms in a 5.0-g sample? m
Co,

Fe
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4.59

4.60

A raindrop weighs 0.050 g. How many molecules of water
are in one raindrop?

A grain of sand weighs 7.7 x 10 g. How many formula
units of silicon dioxide, SiO,, are in one sand grain?
How many formula units are in 250.0 g of the following
substances?

(a) Br, (¢) H,0

(b) MgCl, (d) Fe
How many formula units are in 375.0 g of the following
substances?

(a) Cu (c) SO,

(b) NaBr (d) NH,CI1
How many atoms (or ions) of each element are in 140.0 g
of the following substances?

(@) H, (©) N,O,

(b) Ca(NO3), (d) K,SO,
How many atoms (or ions) of each element are in 140.0 g
of the following substances?

(a) BaSO, (c) O,

(b) Mg;(PO,), (d) KBr
What is the mass of 6.4 x 10°*> molecules of SO,?
What is the mass of 1.8 x 10?! molecules of H,SO,?

Which compound, NH;, NH,CI, NO,, or N,O3, contains
the most nitrogen atoms in a 25.0-g sample?

Which compound, NaCl, PCl;, CaCl,, or HCIO,, contains
the most chlorine atoms (or ions) in a 100.0-g sample?

Determining Empirical and Molecular Formulas

4.61

4.62

4.63

4.64

4.65

You have two colorless gases, each made of sulfur and
oxygen. If they have different percent compositions, can
they be the same substance?

Describe some uses for the percent composition of a
substance.

What is the difference between an empirical formula and a
molecular formula?

Why do we normally use an empirical formula instead
of percent composition to represent the composition of a
substance?

Which of the following molecules have an empirical
formula that is different from their molecular formula?

H,0,
N,O,
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Which of the following substances have an empirical
formula that is the same as their molecular formula?

NaCl

‘What is the empirical formula of each of the following

compounds?
(a) P,Oyg (c) PbCly
(b) C1,05 (d) HO,CC HCO,H

What is the empirical formula of each of the following
compounds?

(a) As4Oq (c) CaCl,

(b) H,S, (d) C3Hg
Given the following molecular formulas, write the
empirical formulas.

(a) CsH,Cl, (b) C¢H5Cl (¢) N,05
Given the following molecular formulas, write the
empirical formulas.

(a) N,0, (b) H,C,0, (c) CH;CO,H
Which of the following compounds of nitrogen and
oxygen have identical empirical formulas: N,O, NO, NO,,
N,O3, N,0y, N,0O5?

Which of the following compounds of carbon and
hydrogen have identical empirical formulas: CH,, C,H,,
C;Hg, C4H,, CgHg?

What are the empirical formulas of the compounds with
the following compositions?

(a) 72.36% Fe, 27.64% O

(b) 58.53% C, 4.09% H, 11.38% N, 25.99% O

What are the empirical formulas of the compounds with
the following compositions?

(a) 85.62% C, 14.38% H

(b) 63.15% C, 5.30% H, 31.55% O

Eugenol, a chemical substance with the flavor of cloves,
consists of 73.19% C, 19.49% O, and 7.37% H. What is
the empirical formula of eugenol?

One of the compounds in cement has the following
composition: 52.66% Ca, 12.30% Si, and 35.04% O.
What is its empirical formula?

The explosive trinitrotoluene (TNT) has the composition
37.01% C, 2.22% H, 18.50% N, and 42.27% O. What is
the empirical formula of TNT?

Strychnine (rat poison) has the composition 75.42% C,
6.63% H, 8.38% N, and 9.57% O. What is the empirical
formula of strychnine?
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What information is needed to determine a molecular
formula?

In what way does a molecular formula represent more
information than an empirical formula?

A compound with the empirical formula CH,O has

a molar mass of approximately 90 g/mol. What is its
molecular formula?

A gaseous compound has the empirical formula NO,.
If its molar mass is approximately 92 g/mol, what is its
molecular formula?

A compound has a molar mass of approximately

180 g/mol and a percent composition of 40.00% C,
6.72% H, and 53.29% O. What is the molecular formula?

A compound with the molar mass of approximately
142 g/mol has the composition 50.7% C, 9.9% H, and
39.4% N. What is its molecular formula?

What is the percent composition of each of the following
compounds?

(a) SO, (b) CuCl, (c) Na;PO, (d) Mg(NO;),
What is the percent nitrogen in each of the following
compounds?

(a) NaNO; (b) NH,Cl (c) N,H; (d) N,O
Consider the following minerals as potential sources
of copper metal. Which mineral contains the highest
percentage of copper?

(a) chalcocite, Cu,S

(b) malachite,

Cu,(CO3)(OH),
Calculate the percent iron in the following iron minerals,
which might be found in iron ores. Which contains the
highest percentage of iron?

(a) wustite, FeO

(b) hematite, Fe,04

(¢) cuprite, CuO
(d) azurite, Cus(COs;),(OH),

(c) magnetite, Fe;0,
(d) siderite, FeCO;

Chemical Composition of Solutions
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What is a solution? Give five examples of solutions that
can be found in your home or dorm.

Distinguish between a solute and a solvent. Identify the

solute in five solutions that can be found in a grocery store.

Identify the solute and solvent in this solution containing
calcium chloride and water. Explain your answer.

Identify the solute and solvent in this solution containing
sodium chloride and water. Explain your answer.

4.93

4.94

4.95
4.96
4.97

4.99

4.100

4.101

4.102

4.103

4.104

4.105

What is the difference between a dilute and a concentrated
solution?

Give an example of two solutions that could be described
as dilute and concentrated.

What relationship is described by concentration?
Define molarity.

Which of the following solutions of NaCl is more
concentrated?

B

Calculate the molarity of each of the following solutions.
(a) 122 g of acetic acid, CH;CO,H, in 1.00 L of solution
(b) 185 g of sucrose, C,H»,0y;, in 1.00 L of solution
(¢) 70.0 g of hydrogen chloride, HCI, in 0.600 L of

solution
(d) 45.0 g of potassium hydroxide, KOH, in 250.0 mL of
solution

Calculate the molarity of each of the following solutions.
(a) 6.30 g HNO; dissolved in 255 mL of solution

(b) 49.0 g H,SO, dissolved in 125 mL of solution

(c) 2.80 g KOH dissolved in 525 mL of solution

(d) 7.40 g Ca(OH), dissolved in 200.0 mL of solution
How many moles of Na,SO, are present in 150.0 mL of
a0.124 M solution? How many moles of Na* ions are
present? How many moles of SO,*" ions are present?
How many moles of Mg(NOs3), are present in 225.0 mL
of a 1.20 M solution? How many moles of Mg>* ions are
present? How many moles of NO;™ ions are present?

Calculate the moles and the mass of solute in each of the
following solutions.

(a) 250.0 mL of 1.50 M KC1

(b) 250.0 mL of 2.05 M Na,SO,

Calculate the moles and the mass of solute in each of the
following solutions.

(a) 150.0 mL of 0.245 M CaCl,

(b) 1450 mL of 0.00187 M H,SO,
Calculate what volume of the following solutions is

required to obtain 0.250 mol of each solute.
(a) 0.250 M AICl, (b) 3.00 M HCl



4.106 Calculate what volume of the following solutions is
required to obtain 0.250 mol of each solute.
(a) 1.50 M H,SO, (b) 0.750 M NaCl
4.107 How much water had to be added to 10.0 mL of the first
solution to obtain the second solution?

4.108 How much water had to be added to 50.0 mL of the first
solution to obtain the second solution?

4.109 How much water must be added to 935.0 mL of 0.1074 M
HCl to obtain a solution that is exactly 0.1000 M?

4.110 If you wish to prepare a 0.055 M solution of NaNO;, to what
volume would you have to dilute 25 mL of 3.0 M NaNO;?

Determine the concentrations of the following diluted
solutions.
(a) 24.75 mL of 0.1832 M HClI diluted to 250.0 mL
(b) 125 mL of 1.187 M NaOH diluted to 0.500 L
(c) 10.00 mL of 0.2010 M acetic acid, CH;CO,H, diluted
to 50.00 mL

4.112 Determine the concentrations of the following diluted
solutions.
(a) 35.45 mL of 6.00 M KOH diluted to 150.0 mL
(b) 250.0 mL of 0.00102 M NH; diluted to 500.0 mL
(c¢) 5.00 mL of 0.8045 M CaCl, diluted to 250.00 mL

4.111

Additional Questions

4.113 What is the mass of 0.100 mol of Cu(OH),?

4.114 How many (a) moles, (b) grams, and (c) atoms of
vanadium are in 52.5 g of V,05?

4.115

4.116

4.117

4.118

4.119

4.120

4.121

4.122

4.123

4.124
4.125

4.126

4.127

4.128

4.129

4.130
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What is the average mass of one atom of argon in atomic
mass units and in units of grams?
How many molecules are present in 15.43 g of butyl
alcohol, C;H,OH?
Calculate the number of moles of atoms and the number
of atoms in the following quantities.

(a) 36.1 g of argon

(b) the 44.5-carat Hope diamond, which consists of

carbon (1 carat = 0.200 g)
(c) 2.50 mL of mercury with a density of 13.6 g/mL

What mass of iodine contains the same number of atoms
as 50.0 g of chlorine?

Calcium carbonate is the active ingredient in some
antacids. It is also the compound in the mineral known as
calcite. How many moles of calcium carbonate are present
in a chewable table that contains 750.0 mg CaCO;?

A gaseous compound has the composition 92.3% C and
7.7% H by mass. What is its empirical formula? If the
molar mass of the compound is 78.1 g/mol, what is its
molecular formula?

Tear gas has the composition 40.25% C, 6.19% H, 8.94%
O, and 44.62% Br. What is its empirical formula?

A chemical procedure calls for 3.54 mol of dry ice (solid
CO,). What mass of CO, should we add?

How many oxygen atoms are contained in 10.00 g of
H;PO,?
Calculate the mass percent of each element in Na,COj;.

How many molecules of CO, are contained in the 960 g of
CO, exhaled daily by an average person?
The formula for ibuprofen is C,3H,30,. How many moles
of ibuprofen are present in a 200.0-mg tablet?
Vanillin, the active component of the flavoring vanilla, has
the composition 63.15% C, 5.30% H, and 31.55% O.

(a) What is its empirical formula?

(b) If the molar mass of vanillin is 152.14 g/mol, what is

its molecular formula?

Monosodium glutamate, NaCsHgNO,, is used extensively
as a flavor enhancer. What is its percent composition?

It 5.00 g of Al is burned completely in excess oxygen
gas, 9.45 g of an aluminum oxide is formed. What is the
empirical formula of that oxide?

If 4.32 g of Cu combines with 1.09 g of S to form

5.41 g of the bluish-black mineral chalcocite, what is the
empirical formula of chalcocite?
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anelle climbs the stairs to the second floor of the classroom building and begins

her scheduled class. She goes to her workstation and selects two solutions, one of
iron(Il) sulfate, FeSO,, and the other of potassium ferricyanide, K;Fe(CN)4. She
mixes the two solutions, and a deep blue solid forms (Figure 5.1). She filters the
mixture to isolate the solid and places it in an oven to dry. She then grinds the dried
solid to a fine powder in oil. What course do you think Janelle is taking?

Janelle just prepared a blue paint for her art class. The deep blue solid that
formed is a compound called Prussian blue, which has been used as a pigment since
about 1700. Many pigments are ionic compounds made by the kinds of reactions we
will investigate in this chapter. When Janelle was grinding the blue powder with oil,
she was making paint that will dry to form a film.

Meanwhile Antonio is at his workstation on the first floor of the classroom
building. He selects a piece of iron and drops it into a solution of copper(II) chloride,
CuCl,. Over a few minutes, the shiny piece of iron takes on a dull brown coating
(Figure 5.2). He notices that the blue solution becomes less intense as the brown
coating forms. He concludes that copper(Il) ions have been removed from the solu-
tion. In which course do you think Antonio is enrolled?

Antonio is taking a metal sculpture class and investigating the reaction between
metals under corrosive conditions. His study will help him understand how to con-
struct large metal structures to be displayed outdoors. He has learned that a major
problem with metal sculptures is corrosion. An example is the Statue of Liberty,
which degraded gradually over a 100-year period due to the corrosive marine envi-
ronment of New York Harbor and the interaction between the copper shell and iron
framework. It was restored in the 1980s and was improved to resist corrosion. We
will examine the kinds of reactions responsible for corrosion in this chapter. Corro-
sion (and its prevention) will be explored in more detail in Chapter 14.

Next door, Breanna drops pieces of a rock into beakers containing different
concentrations of sulfuric acid. The rocks begin to give off bubbles of gas, which
rise to the surface (Figure 5.3). She collects some of the gas and bubbles it through
a solution of barium chloride, BaCl,. A white solid forms. What course do you think
Breanna is taking?

Breanna is taking an art preservation class and is investigating the effect of acid rain
on marble sculptures. Many old statues and architectural features, such as gargoyles,
have corroded as a result of air pollution. Sulfur and nitrogen oxides released into the
atmosphere by the burning of coal and other fuels react with water in clouds and

FIGURE 5.2 When iron metal is placed in a solution of copper(Il) chloride, copper metal is
deposited as a coating on the iron.

FIGURE 5.1 When solutions of
iron(Il) sulfate and potassium
ferricyanide mix, the insoluble blue
compound KFe[Fe(CN)¢] forms.

Around 1704, the color manufac-
turer Diesbach, working in Berlin,
accidentally discovered the pigment
known as Prussian blue (or Berlin
blue). It was prepared by melting
dried blood in the presence of
potassium salts and adding iron(II)
sulfate to an aqueous extract of the
mixture. We now have less gory
methods of preparing Prussian blue.

FIGURE 5.3 The calcium carbonate
in marble reacts with sulfuric acid to
release carbon dioxide gas.

159



160 Chapter 5 Chemical Reactions and Equations

raindrops to form sulfuric acid and nitric acid, causing acid rain. The acids in the rain react
with calcium carbonate in the marble and limestone of statues to release carbon dioxide
gas. In this chapter we will examine some reactions of acids with other substances.

Elsewhere, Jennifer takes a ceramic pot and soaks it in a solution of acetic acid,
CH;CO,H. After an hour, she heats the solution to evaporate the acetic acid, leaving a
solid residue. She adds some water and potassium iodide, KI, forming a yellow solid
(Figure 5.4). She recognizes this solid as lead(Il) iodide, Pbl,, indicating that the pot
contains a lead compound. What course do you think Jennifer is taking?

Jennifer’s work is for a chemistry class, but it is related to both art and human
health. Before the dangers of lead poisoning were recognized, lead compounds were
added to the glazing material on ceramic pots. They lowered the melting tempera-
ture of the glaze and made it form a glassy coating. Jennifer’s test reveals whether
the pot she is studying has lead in its glaze.

Art and chemistry are intimately connected. Just as artists classify works of art

FIGURE 5.4 When potassium iodide as paintings, sculptures of stone or metal, stained glass, or ceramics, chemists clas-
is added to a solution containing sify reactions into different groups. Each of these students’ experiments provides an
lead(Il) ions, the yellow solid lead(II) example of a different art form and a different category of reactions.

iodide forms.

Questions for Consideration

5.1 What happens in a chemical reaction?

5.2 How do we know whether a chemical reaction takes place?

5.3 How do we represent a chemical reaction with a chemical equation?

5.4 How are chemical reactions classified? How can the products of different
classes of chemical reactions be predicted?

5.5 How do we represent chemical reactions in aqueous solution?

| 5.1 | WHAT IS A CHEMICAL REACTION?

Each of the students described in the introduction was carrying out some kind of
chemical reaction. For example, when Antonio put iron metal into a solution of
Chemical reactions are not the copper(Il) chloride, a chemical reaction occurred. What is a chemical reaction?

same as nuclear reactions, in which A chemical reaction is the conversion of one substance or set of substances
new elements may form. You’ll

learn about those in Chapter 15.

into another. Any substance that we start with is a reactant. A new substance that
forms during the reaction is a product. Products are different from reactants in the
arrangement of their component atoms. Chemical reactions neither destroy atoms
nor create new atoms. They occur because the bonds that hold atoms together can be
broken and rearranged. (You’ll read more about chemical bonding in Chapter 8.)

Consider the reaction of hydrogen gas with oxygen gas, as shown in Figure
5.5. Hydrogen and oxygen both occur naturally as diatomic molecules. If they mix,
they react slowly; but if ignited, the reaction is vigorous, even explosive. In either
case, the reactants form the same product: gaseous water molecules, each contain-
ing two hydrogen atoms and one oxygen atom. Figure 5.6 shows the rearrangement
of the atoms during the reaction. Note that this representation shows the reactant
molecules separated from the product molecules, but they are actually separated by
time, not distance. The reactants are in the container where the reaction occurs, and
the products are in that same container after the reaction is complete.

Count the number of atoms of hydrogen and oxygen in the reactants and in the
product. Has either number changed? No. In every chemical reaction the number of
atoms of each element stays constant. This is consistent with the law of conservation
of mass (see Chapter 2), which states that matter cannot be created or destroyed by
FIGURE 5.5 When ignited, hydrogen ~ ordinary chemical means.
molecules and oxygen molecules in Now consider the arrangement of atoms in Figure 5.6. What are oxygen atoms
the air react explosively to form attached to in the reactants? In the products? How about hydrogen atoms? In the
gaseous water. reactants, each hydrogen atom is attached to another hydrogen atom and each




5.2 How Do We Know a Chemical Reaction Occurs?

Reactants Products

FIGURE 5.6 The hydrogen atoms from hydrogen molecules combine with the oxygen atoms
from oxygen molecules to form gaseous water molecules.

oxygen atom is attached to another oxygen atom. In the products, two hydrogen
atoms are attached to one oxygen atom. The number of atoms is the same, but their
arrangement is different.

Yy Reactant and Product

Breanna mixed a solution of sulfuric acid and solid calcium carbonate. Carbon
dioxide gas bubbled out of the solution as the initial solid disappeared, leaving
behind a deposit of calcium sulfate. Identify the reactants and products in this
chemical reaction.

Solution:

Sulfuric acid and calcium carbonate are the starting substances, the reactants.
They are converted into carbon dioxide and calcium sulfate, the products.
(Another product is water, which can’t be identified from this description.)

Practice Problem 5.1

Antonio placed a piece of iron in a solution of copper(Il) sulfate. He obtained a
deposit of copper metal and a solution containing iron(II) sulfate. Identify the
reactants and products in this chemical reaction.

Further Practice: Questions 5.3 and 5.4 at the end of the chapter

5.2 | HOW DO WE KNOW A CHEMICAL
REACTION OCCURS?

Just as artists use paint and stone to create works of art, chemists use elements and
compounds to create new substances. Both the artist and the chemist are constrained
by the materials available to them. Both must work within the rules of nature regard-
ing the properties and behaviors of their materials. Both rely on their materials to
produce new creations, but is simply using materials enough? Is putting some paint
on canvas art? Is mixing two substances together chemistry?

Consider the two beakers containing clear, colorless liquids shown in Figure
5.7. What happened when the two liquids mixed? Can you tell if a chemical reac-
tion occurred? Just by looking, you can’t. You started with two colorless liquids, and
their mixture remains colorless. A rearrangement of atoms might or might not have
taken place. There’s no obvious way to tell.

161



162 Chapter 5 Chemical Reactions and Equations

FIGURE 5.7 Without an observable change in properties, it is hard to tell if a chemical reaction has occurred.

Without an observable change in properties, it is hard to tell if a reaction has
occurred without further tests. In most chemical reactions, however, an observable
change in properties does occur. What are some visible clues that would indicate
that a chemical reaction may have occurred? Make a list of ideas, and then examine
Figure 5.8 to see if any of the photos of chemical reactions match your list of clues.

These clues are only indications The clues most often used by chemists are the following:

that a reaction may have taken

place. Physical changes can also e Change in color

cause such effects. For example, * Production of light

a temperature change might result e Formation of a solid (such as a precipitate in solution, smoke in air, or a
from dissolving a compound, and metal coating)

a color change might arise from  Formation of a gas (bubbles in solution or fumes in the gaseous state)

i aeel ored compounds. « Absorption or release of heat (sometimes appearing as a flame)

Did you come up with any clues that don’t fit one of these categories?

E F G H

FIGURE 5.8 Do any of these photos of chemical reactions illustrate items on the list you made of
nature’s clues that a chemical reaction has occurred?

(A) I,(aq) + Nal(aq) + starch(aq) (E) BaCly(agq) + Na,SOy4(aq)
(B) Mg(s) + Ox(g) (F) CHy(g) + Ox(g)
(C) Ba(OH),*8H,0(s) + NH,Cl(s) (G) AgNOs(aq) + glucose(aq)

(D) Cu(s) + HNO4(ag) (H) CaCO5(s) + HCl(ag)
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5.3 | WRITING CHEMICAL EQUATIONS

Describing chemical reactions in words is awkward and time-consuming. For this
reason, chemists use a chemical equation to show what reactants are involved and
what products are formed. A chemical equation is a symbolic representation of a
chemical reaction.

To see how equations are written, let’s look at the reaction shown in Figure
5.9. Two powders—gray aluminum metal, Al, and red iron(IIl) oxide, Fe,O;—
are mixed and poured into a ceramic container with a small hole in the bottom.
A wick in the pile of powder is ignited. The powder smokes and then gives off a
shower of sparks. As this spectacular display continues and then subsides, liquid
metal runs out of the hole in the container. This liquid is molten iron. Left behind
is aluminum oxide, which was also present in the smoke. This reaction is called
the thermite reaction. It is sometimes used to weld pieces of iron or steel together,
as in reinforcing rod (rebar) in concrete buildings or in the rails for high-speed
railroad tracks (Figure 5.10).

A verbal description is one way to represent the thermite reaction, but as you
can see, it is not very efficient. We might also draw pictures to show the changes that
occur at the atomic level, but this is time-consuming and takes up a lot of space, too.
The easier, shorter way is to use the symbols and formulas you’ve already learned
to write and read.

To write a chemical equation, we first identify the reactants and write their
chemical formulas with plus signs (+) between them. We place an arrow after them.
The arrow stands for the process of converting one set of substances into another.
Then we write the chemical formulas of the products, again with plus signs between
them if there is more than one.

The physical state—solid (s), liquid (), gas (g), or aqueous solution (ag)—is
shown for each reactant and product. If heat must be supplied for the reaction to
take place, or if some other special conditions are needed, we describe them above
the arrow. Finally, the equation must be balanced. In a balanced equation, the
number of atoms of each element is the same in the products as in the reactants. We
indicate the relative number of molecules or formula units of reactants or products
by coefficients, which are whole numbers that immediately precede the formula of
each substance. If a coefficient has a value of 1, it is omitted but is understood to be
there. The process of balancing an equation involves examining and modifying coef-
ficients until the reactants and products contain the same numbers of the component
elements. The coefficients are written as the smallest possible whole numbers. The
coefficients are whole numbers because parts or fractions of atoms or molecules do
not exist.

Let’s work through writing and balancing the thermite reaction. In words, it
looks like this:

. . . heat . . .
aluminum + iron(IlT) oxide —— aluminum oxide + iron

Using the rules developed in Chapter 3, we can substitute formulas for names in the
equation. We should also add the physical state of each substance:

Al(s) + Fe,04(s) = ALOs(s) + Fe())
But the equation is not complete as written. The same number of atoms of each
element must appear on both sides of the arrow. The equation must balance. In its
present form, it does not. It has the following numbers of atoms:

Atoms in Reactants Al(s) + Fe,O5(s)
1 Al Y 2 Al T )
30 > 30 00
2 Fe 0 1 Fe <

Atoms in Products Al,O5(s) + Fe(l)

FIGURE 5.9 When a powdered
mixture of aluminum metal and
iron(I1I) oxide is heated, it reacts
vigorously to form liquid iron metal
and aluminum oxide. This reaction is
called the thermite reaction.

FIGURE 5.10 The thermite reaction
is used to make molten iron. In the
device shown here, the liquid iron
runs down from the crucible on top
into the mold. Upon solidification,
the iron joins two sections of
railroad track.

@ ANIMATION: Thermite Reaction

When reading an equation, we
replace the arrow with a word such
as yields, produces, or forms.
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The equation can be written with
the reactants in any order on the
left side of the arrow and with
the products in any order on the
right side of the arrow. Any of
the elements in the products can
be used as a starting point for the
balancing process.

If you do not have a model kit, you
can make one with some gumdrops
and toothpicks. Use different
colors of gumdrops to represent
different elements. Connect the
gumdrops with toothpicks to
represent molecules. Build several
molecules of each reactant, but

use only the minimum necessary
to disassemble and build whole
numbers of products.

FIGURE 5.11 In a gas stove, methane
reacts with oxygen to form carbon
dioxide and water.

The number of oxygen atoms is balanced at 3 in the reactants and 3 in the
products, but the other elements are not balanced. The reactants contain only 1
aluminum atom, but the products contain 2. The reactants contain 2 iron atoms,
but the products contain only 1. To balance the equation, we must change coef-
ficients until the reactants and products contain the same number of atoms of each
element. It is important to remember that you cannot change the subscript of an
element in a compound to balance an equation. For example, Al,0; cannot be
changed to AlOj; to balance the number of aluminum atoms. Even if AlO; existed,
it would be an entirely different compound. When the atoms of the reactants and
products have not yet been equalized, the equation is called a skeletal equation or
an unbalanced equation.

To balance the skeletal equation for the thermite reaction, we need to do
nothing about oxygen. It is already balanced. Note, however, that there are two
aluminum atoms in the product Al,O5 but only one in the reactant Al. To balance
the aluminum atoms, we can place the coefficient 2 in front of Al on the reactant
side of the equation:

2A1(s) + Fe,05(s) ——s ALO4(s) + Fe(l)

This balances the aluminum atoms, but the iron atoms remain unbalanced. We can
place the coefficient 2 in front of the product Fe to balance them:

2A1(s) + Fe,05(s) ——s ALO4(s) + 2Fe(l)

If we count the numbers of each element again, we see that they are now the same
on both sides of the equation. The equation is balanced. Mass is conserved.

Atoms in Reactants 2Al(s) + Fe,O;(s) Atoms in Products Al,O5(s) + 2Fe(])

2 Al ) 2 Al - X"
30 o0 30 ee0
2 Fe o 2 Fe Q9

To see how and why equations balance, use a model kit or gumdrops and
toothpicks to build models of reactant molecules. Take them apart and rear-
range them into product molecules. Use the smallest number of atoms possible
to achieve conservation of mass. Reactions don’t actually occur this way, but
we want to emphasize the conservation of atoms in reactions as a means of
balancing equations.

Let’s consider this model approach with the reaction of oxygen, O,, and methane,
CH,, a gas commonly used as a source of heat in the laboratory and in gas stoves
(Figure 5.11). The products of the reaction are carbon dioxide, CO,, and water, H,O.
All of the substances are in the gaseous state. Let’s start by writing a skeletal equa-
tion so we know which models we need:

CHy(g) + O,(g) — CO,(g) + H,0(g)

We start with at least one molecule of each reactant:

-‘-J + 9 —

>

We can disassemble our models to see what parts we have to work with to form
products. We have 1 carbon atom, 4 hydrogen atoms, and 2 oxygen atoms. Note that
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we have not removed the original models from our diagram so we can keep track
of their numbers:

o 0O —
<

vy '
@ 00 @ } Unused model parts
From the atoms we have available, we can make either 1 carbon dioxide molecule or 2
water molecules. Either approach will work. Let’s pick the carbon dioxide to build first:

b 00— 00O
>l

gt } Unused model parts
o &

That leaves us with 4 extra hydrogen atom models. We have not formed any water
molecules, although water is a product. According to the law of conservation of
mass, all of the reactant atoms must be completely consumed, so we know we need
to make some water molecules from the leftover hydrogen atoms. But we need
oxygen to do that, and the only way to get it is to add another oxygen molecule to
the reactants. That gives us 2 additional oxygen atom models to work with.

- X
“‘J+ .. ...
<

4 } Unused model parts
*o @

Now we have enough parts to build 2 water molecules from the 2 oxygen atom
models and 4 hydrogen atom models. This leaves no unused atoms, so the equation
must be balanced.

v &
J‘J + - . ‘ . +

¥1 o0 J.‘J
You can verify what your models show by counting the atoms of each element on
each side of the equation. Since the numbers are equal, the equation is indeed bal-
anced. Since we do not write coefficients of 1, the final version of the equation is

CH,(g) +20,(g) —> COx(g) + 2H,0(g)

Before we start balancing equations using formulas, let’s reexamine the equa-
tion we balanced using models. What is the skeletal equation?

1C 20 1C 2H
3y do - ebe A
4H i

Are the atoms of each element balanced? The carbon atoms are balanced, but the
hydrogen atoms and oxygen atoms are not. Adding another water molecule to the
products balances the hydrogen atoms:

4H
1C

1C 20
By 60— eo@ 1y’
4H v e
40
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The model for O, shows two bonds
(sticks) holding the two atoms
(spheres) together. In Chapter 8,
we will explore the nature of bonds
between atoms and we will see
why two bonds are needed in this
molecule.

To balance an equation, we need
equal numbers of aroms of each
element on each side of the equation
but not necessarily equal numbers
of molecules. Consider the example
Ny(g) + 3Hy(g) — 2NH;(g).

In this reaction four molecules of
reactants form two molecules of
product. It is common for a reaction
to yield more or fewer molecules
than were initially present, although
the total number of atoms always
stays the same.
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To balance the oxygen atoms, we add 1 more oxygen molecule to the reactants:

4H
1C 1C
. Q_ + & —_— ‘ + / o
4H v
40 40

Now the numbers of each element are equal on both sides of the equation. The equa-
tion is balanced. When we balance equations using formulas, we use coefficients in
front of the formulas to indicate the number of each element needed.

Balancing this equation was relatively simple, but sometimes changing a coef-
ficient to balance one element unbalances another. In such cases, we must go back
and change coefficients. Example 5.2 shows how.

Steps for Balancing Equations

1. What is the skeletal equation?

(a) Write correct formulas for reactants on the left side and products on the
right side of the arrow.

(b) Include physical state symbols for all substances.

(c) The coefficients (the numbers preceding the formulas) are all 1 in a
skeletal equation.

2. How are atoms of each element balanced?

(a) First look for elements that appear only once on each side of the equa-
tion. If there are different numbers of atoms of that element on each
side of the equation, change the coefficient of one or both substances
until there is the same number of atoms on each side of the equation.

(b) Do not change the subscripts! Changing the subscripts in a formula
would change the identity of the substance.

(c) Continue checking all elements in the equation, changing coefficients
when needed.

(d) The last atoms to balance should be those in elemental substances
(such as O,), because changing a coefficient in front of an element does
not change the numbers of atoms of any other elements.

3. Is the equation balanced? Make a final check by counting the atoms of each
element on both sides of the equation. If they are the same, the equation is
balanced.

cing Chemical Equations

Potassium chlorate is a white solid that decomposes when heated, forming
solid potassium chloride and oxygen gas. Balance the equation that repre-
sents the reaction.

Solution:

Potassium chlorate is the only reactant. It has the formula KCIO; and is in the
solid state. The products are solid potassium chloride, KCI, and oxygen gas, O,.
The word equation gives the name of the reactant before the arrow and the names
of the products, separated by a plus sign, after the arrow:

. heat . .
potassium chlorate -, potassium chloride + oxygen

To get the skeletal equation, we substitute the formulas and their physical states
for the names:
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KCIO4(s) —=» KCI(s) + Os(g)

Next we count atoms to see where to begin changing coefficients. Potassium and
chlorine occur once on each side of the arrow and thus are balanced already, but
there are 3 oxygen atoms on the left and 2 oxygen atoms on the right:

KCIO4(s) —2> KCl(s) + O,(g)
Atoms in Reactants Atoms in Products
1K1Cl 30 1K1Cl 20

We can balance the oxygen atoms by placing a 2 in front of KCIO; and a 3 in front
of O,. Now there are 6 oxygen atoms on each side of the equation:

2KCIO4(s) —2» KCl(s) + 30,(g)
Atoms in Reactants Atoms in Products
2K 2Cl 60 1K 1Cl 60

Now, however, the potassium and chlorine are no longer balanced. The left
side of the equation has 2 of each, while the right side has only 1. We can
rebalance the K and Cl atoms by placing a 2 in front of KCI on the product
side of the equation:

2KC105(s) 2> 2KCI(s) + 30,(g)

A final count shows that this is a correct, balanced equation:

Atoms in Reactants Atoms in Products
2K 2Cl 60 2K 2Cl 60

Practice Problem 5.2

When sodium metal is dropped into liquid water, the mixture releases gaseous
hydrogen, leaving behind a colorless solution of sodium hydroxide. Balance the
equation that represents this reaction.

Further Practice: Questions 5.27 and 5.28 at the end of the chapter

At intermediate stages, coefficients needed to balance an equation may not
be whole numbers. Sometimes a temporary balancing with fractional coefficients
makes balancing easier. But in the end, the coefficients must be whole numbers.
Example 5.3 shows a method for balancing equations this way.

cing Chemical Equations
ractional Coefficients

Ethane, C,Hg, is a gaseous fuel that can be burned with oxygen. Balance the fol-
lowing skeletal equation for this reaction:

C,Hg(g) + Oy(g) — COy(g) + H,0(g)

Solution:
We can see that this equation is not balanced by counting atoms on each side of
the equation:
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C,H(g) + Oy(g) — CO,(g) + H,0(g)
Atoms in Reactants Atoms in Products
2C6H 20 1C2H 30

Since oxygen occurs in three substances, we should start by balancing the carbon
and hydrogen. There are 2 carbon atoms on the left, but only 1 on the right, so we

place a 2 in front of CO,:
C,He(g) + Oy(g) — 2CO,(g) + H,0(g)
Atoms in Reactants Atoms in Products
2C6H 20 2C2H S50
There are 6 hydrogen atoms on the left and 2 on the right, so we place a 3 in front
of H,0:
CHe(g) + O(g) — 2C0O,(g) + 3H,0(g)
Atoms in Reactants Atoms in Products
2C6H 20 2C6H 70

Now all we have left to balance is the oxygen. There are 4 oxygen atoms in 2
CO, molecules and 3 oxygen atoms in 3 H,O molecules, making a total of 7
oxygen atoms in the products. Since we cannot balance the oxygen atoms in the
reactants with a whole number unless we unbalance everything else, we can use
a fractional coefficient, 7 (or 3.5) temporarily:

C,He(g) + ] O,(g) — 2COy(g) + 3H,0(g)
Atoms in Reactants Atoms in Products
C6H 70 2C6H 70

The atoms of each element are equal on both sides of the equation, but the coef-
ficients are not all whole numbers. To get whole-number coefficients, we must
multiply all coefficients in the equation by 2:

2C,Hy(8) + 70,(g) — 4CO4(g) + 6H,0()
This is a correct, balanced equation, as shown by the final atom counts.
Atoms in Reactants Atoms in Products

4C 12H 140 4C 12H 140

Practice Problem 5.3

Liquid butane is often used as a fuel in cigarette lighters. When the pressure is
released, butane evaporates and can burn with oxygen. Balance the following
skeletal equation for the reaction of butane with oxygen gas.

C,H o(g) + Oy(g) —> COy(g) + H,0(g)

Further Practice: Questions 5.37 and 5.38 at the end of the chapter

Let’s consider one final example that illustrates how to proceed if part of a
reactant is unchanged in the products. This situation usually arises with ionic com-
pounds in which the anion is an oxoanion or some other polyatomic anion. If the
anion is unchanged in the products, it can be treated as a unit instead of as a collec-
tion of atoms that must be balanced individually.
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ing an Equation
n Unchanged Oxoanion

When a piece of iron is added to a solution of copper(Il) sulfate, the following
reaction occurs:

Fe(s) + CuSO,(aq) ——> Fe,(S0,);(aq) + Cu(s)

Balance this skeletal equation.

Solution:

Notice that the sulfate ion, SO42*, occurs unchanged in the reactants and products.
Its component elements, S and O, do not occur anywhere else in the reaction, so
the sulfate ion can be treated as a unit. We start by counting atoms and sulfate
ions.

Fe(s) + CuSO,(aq) ——> Fe,(S0,);(aq) + Cu(s)
Atoms in Reactants Atoms in Products
1Fe 1Cu 1S0,* 2Fe 1Cu 3S0,*

The copper atoms are balanced. Two iron atoms occur in the products, but only 1
in the reactants, so we can change the coefficient of Fe to 2:

2Fe(s) + CuSO,(aq) — Fe,(SO,);(aq) + Cu(s)

Atoms in Reactants Atoms in Products
2Fe 1Cu 1S0O,* 2Fe 1Cu 35S0,
The sulfate ions are unbalanced. We can balance them by changing the coefficient
of CuSO, to 3:
2Fe(s) + 3CuSO,(aq) —— Fe,y(S0,);(aq) + Cu(s)
Atoms in Reactants Atoms in Products
2 Fe 3Cu 35S0, 2Fe 1Cu 380,
This change unbalanced the copper atoms, so we have to change the coefficient
of Cu to 3:
2Fe(s) + 3CuSO,(ag) — Fe,y(S0,);(aq) + 3Cu(s)
Atoms in Reactants Atoms in Products
2 Fe 3Cu 35S0, 2Fe 3Cu 35S0,

The equation is now balanced, as indicated by the final counts.

Practice Problem 5.4

Balance the following skeletal equation for the reaction of zinc metal with
nitric acid:

Zn(s) + HNOs(aq) —— Zn(NOs),(aq) + Hy(g)

Further Practice: Questions 5.39 and 5.40 at the end of the chapter
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I 5.4 | PREDICTING CHEMICAL REACTIONS

In all the chemical reactions we have considered so far, the identities of the
reactants and products are known. The identity of the reactants is easy enough,
since we usually know what we have mixed. But how do we know what products
will result? The answer could come from an experiment. We could carry out the
reaction and then isolate and identify the products, or if the reaction has been
investigated before, we could use or extend the experimental work of others.

We saw in Chapter 2 that the chemical properties of the elements are periodic.
That is, elements in the same group in the periodic table undergo similar reac-
tions. We can use this periodicity to predict the products of chemical reactions.
For example, if we place a piece of lithium metal in liquid water, aqueous lithium
hydroxide and hydrogen gas form (Figure 5.12):

2Li(s) + 2H,0(/) —— 2LiOH(aq) + H,(g)

The principle of periodicity suggests that the other alkali metals will also react with
water to form a metal hydroxide and hydrogen gas. As we can see from the sequence
of photographs in Figure 5.12, all of these metals react with water. What differs is
the vigor of the reaction. With the potassium reaction, the hydrogen always catches
fire. For the alkali metals below potassium in the periodic table, the reaction with
water is explosive.

In addition, atoms have only a limited number of ways to rearrange themselves.
If we can classify reactions into types, we can determine what kinds of atomic
rearrangements are theoretically possible for different combinations of chemical
substances. For example, suppose we depict elements and compounds with letters

and spheres: B
» 0 0@ o@

Spheres A and B are elements, either monatomic or diatomic. Spheres C, D, E, and
F might be atoms, monatomic ions, or polyatomic ions arranged to form compounds
as shown. How many different types of chemical reactions can you identify by rear-
ranging these atoms or groups of atoms? To keep this exercise from getting too com-
plicated, use only one substance by itself, or any combination of two substances, but
no more than two as your reactants and your products. When you have completed
this exercise, read on.

To start, let’s consider the case in which we have just one reactant. We prob-
ably have to heat the substance for something to happen. If we have an element,
what could result? A monatomic element can’t do anything because there is no
way to rearrange a single atom. A diatomic element might break down into its
component atoms. We won’t encounter examples of such reactions, so we won’t
consider them further.

Lithium Sodium Potassium Rubidium

FIGURE 5.12 The alkali metals all react with water to form the corresponding alkali metal hydroxide and hydrogen gas. The pattern of
rearrangement is the same for all of these reactions. They differ only in their vigor.
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If we heat the compound CD, it can break into smaller pieces, such as the elements

CandD:
°d —° @

Example: 2HgO(s) —— 2Hg(l) + O,(g)
A compound can also break up into smaller molecules:
Example: NH,Cl(s) —— NHj;(g) + HCI(g)

The compound EF could similarly break up into E and F.
Next let’s consider combinations of two substances. Let’s start with the ele-
ments. We can react element A with element B to form a compound:

@ Q0 — 90
Example: Zn(s) + Cl,(g) —— ZnCly(s)

We can combine an element with a compound to make a new compound:

o 0@ — 0@
Example: H,(g) + CO(g) —— H,CO(g)

This type of combination could also happen between A and EF, between B and CD,
and between B and EF. All four would be the same reaction type.

An element could also react with a compound to form a new compound and
release an element from the original compound:

» 0@ —0 @
Example: Zn(s) + CuCl,y(aqg) — Cu(s) + ZnCl,(aq)

Depending on the identity of the component elements, the products might instead
be the new compound CA and the released element D. This type of reaction could
also happen with the compound EF, and element B could also react in this way with
either compound CD or compound EF.

Finally let’s consider the reaction between two compounds. They could combine
to make a new compound:

@ o@ - o@D

Example: CaO(s) + SO,(g) —> CaSOs;(s)

Or two compounds could rearrange to form two new compounds:

Example: CuCl,(ag) + Na,S(aq) — 2NaCl(aq) + CuS(s)

Similar reactions can occur when an ionic compound reactant is composed of a
polyatomic ion:

Example: AgNOs(ag) + KCl(ag) —> AgCl(s) + KNOs(aq)

Did your list of reaction types match these? Did you notice any patterns in the reac-
tants and products? In each of the examples, we had either one or two reactants and
either one or two products. They could be either elements or compounds. Let’s make
a list of the possible combinations based on this classification scheme:
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&Y ANIMATION: Types of Chemical
Reactions

Reactants Products

1 compound 2 elements (or smaller compounds)

2 elements or compounds 1 compound
1 element and 1 compound 1 element and 1 compound

2 compounds 2 compounds

This gives us just four different patterns of reactivity, or reaction classes. Chem-
ists give them the following names: decomposition reactions, combination (or syn-
thesis) reactions, single-displacement reactions, and double-displacement reactions.
They are summarized in Table 5.1.

We will investigate examples of each class in the remainder of this section. At
this point, we can place known chemical reactions into classes by considering the
type and number of reactants and products.

TABLE 5.1 | Classes of Chemical Reactions

Class Reactants Products Example
Decomposition 1 compound 2 elements CD—— C+D
(or smaller
compounds)
Combination 2 elements or 1 compound A+B—— AB
compounds
Single- 1 element and 1 element and A+CD——> C+AD
displacement 1 compound 1 compound
Double- 2 compounds 2 compounds CD + EF—— CF + ED
displacement

Classify each of the following as a decomposition, combination, single-displacement,
or double-displacement reaction.

(a) Na,S(ag) + 2HCl(ag) — H,S(g) + 2NaCl(aq)
(b) Hy(g) + CuO(s) —> Cu(s) + H,0(g)

(c) 2Fe(s) + 3Cly(g) — 2FeCly(s)

(d) 2Na,0,(s) —— 2Na,0(s) + O,(g)

Solution:

To classify the reactions, look for the patterns outlined in Table 5.1.

(a) This reaction involves two compounds as reactants and two compounds as
products. This pattern is called double-displacement.

(b) This is a reaction of an element with a compound, producing a different ele-
ment and compound. This is a single-displacement reaction.

(c) In this reaction, two elements combine to form a compound. This pattern is
found in combination reactions.

(d) Here, one compound is converted into a simpler compound and an element.
This is a decomposition reaction.

Practice Problem 5.5

Classify each of the following as a decomposition, combination, single-displacement,
or double-displacement reaction.
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(2) NH,(g) + HCl(g) —= NH,CI(s)

(b) CuCl,(aq) + Na,S(aq) — CuS(s) + 2NaCl(aq)
(c) NiSO;(s) —— NiO(s) + SO,(g)

(d) Ca(s) + PbCl,(ag) — CaCl,(aq) + Pb(s)

Further Practice: Questions 5.51 and 5.52 at the end of the chapter

Decomposition Reactions

When a compound undergoes a decomposition reaction, it breaks down into
the elements of which it is composed or into simpler compounds. The com-
pounds that form are predictable—usually they are common, stable, small
molecules, especially gases. If a gas can form as a product, it nearly always
does. Patterns for predicting the products of decomposition reactions can be
formulated for a variety of compounds. Some of these patterns are listed with
examples in Table 5.2.

A few binary compounds decompose to their constituent elements upon heating.
For example, when red solid mercury(Il) oxide is heated, it slowly decomposes.
Gaseous oxygen fills the container, and droplets of liquid mercury settle on its
cooler parts (Figure 5.13).

The oxide ions lose their negative charge as they are converted to oxygen
atoms. The mercury(Il) ions lose their positive charge to form mercury atoms. These
changes are shown in Figure 5.14.

TABLE 5.2 | Decomposition Reactions That Occur
When Compounds Are Heated

e Oxides and halides of the metals Au, Pt, and Hg decompose to the elements.

2HgO(s) —=> 2Hg(l) + Os(g)

PACl,(s) —— Pt(s) + 2Cl(g)

Peroxides decompose to oxides and oxygen gas.

hea
2H,0,(ag) —— 2H,0(]) + Oy(g)

Metal carbonates, except those of the group IA (1) metals, decompose to metal oxides and
carbon dioxide gas.

NiCO(s) —=> NiO(s) + COx(g)

Oxoacids decompose in a similar way to form nonmetal oxides and water. Other
compounds that contain the components of water frequently decompose with the
elimination of water. The other product is what is left after water is removed.

H,COs(aq) —> CO,(g) + H,0())
Ca(OH),(s) —2> CaO(s) + H,0(g)
CuS0,-5H,0(s) ——> CuSO,(s) + SH,0(g)

Ammonium compounds lose ammonia.

(NH,),SO,(s) ——> 2NH;(g) + H,S0,(0)

Decomposition reactions may
form more than two products in
some cases. Similarly, combination
reactions may involve more than
two reactants.

Before reaction

After reaction

FIGURE 5.13 When solid
mercury(Il) oxide, HgO, is heated, it
decomposes into liquid mercury metal
and oxygen gas.

Reactions in which the ionic charges
change are called oxidation-reduction
reactions. In the decomposition of
HgO, the charge of mercury changes
from 2+ to O when Hg(/) is formed.
The charge of oxygen changes from
2—to 0 when O,(g) is formed. We
will explore oxidation-reduction
reactions in more detail in

Chapter 14.
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2HgO() —=2 > 2Hg(l) + Oye)

FIGURE 5.14 The regular array of mercury(Il) ions and oxide ions breaks down when
mercury(Il) oxide is heated. The oxide ions form oxygen atoms, which combine to form gaseous
oxygen molecules. The mercury(Il) ions form mercury metal in the liquid state.

FIGURE 5.15 Limestone chunks, when heated by burning fuel in the large rotary kiln in the
center of the photograph, decompose to form lime and carbon dioxide.

Many metal compounds containing oxoanions, such as carbonates, decompose
upon heating. A common example is calcium carbonate.

heat

CaCO;(s) —— CaO(s) + COy(g)

Portland cement has calcium oxide (lime) as one of its ingredients. The calcium
oxide is made from limestone (calcium carbonate) by decomposition in large kilns
at about 1900°C (Figure 5.15).

A number of compounds that contain water or the components of water—hy-
drates, hydroxides, and oxoacids—Iose water when heated. Hydrates—compounds
that contain water molecules—lose water to form anhydrous compounds, com-
pounds free of molecular water. One example is hydrated calcium sulfate. It can be
dehydrated by heating to form a powder:

heat

CaSO4°2H20(S) I CaSO4(S) + 2H20(g)

The anhydrous calcium sulfate can be mixed with water to use in making plaster for
walls or casts, or as an artist’s surface for painting.
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EXAMPLE 5.6 osition Reactions

Michelle, another art student, needs some cobalt(Il) oxide to make cobalt glass.
She has the following cobalt compounds available to her: CoCl,'6H,0, CoCOs;,
CoS, and Co(OH),. Which of these compounds can make the cobalt(Il) oxide she
needs? What products would form if the other compounds were heated?

Solution:

In Table 5.2 we can see that Michelle could use CoCO; or Co(OH),. Metal car-
bonates lose carbon dioxide gas when heated, leaving a metal oxide:

heat

CoCO;(s) — CoO(s) + CO,(g)

Metal hydroxides lose water to form metal oxides:

Co(OH),(s) —2> CoO(s) + H,O(g)

Heating a hydrate results in the loss of gaseous water:

CoClLy6H,0(s5) —> CoCly(s) + 6H,0(g)

We have seen no patterns that suggests that anything would happen to CoS
upon heating.

Practice Problem 5.6

Janelle wants to make paper pulp to be used in a printing project. She needs mag-
nesium sulfite trihydrate, MgSO5'3H,0, to bleach the paper pulp. This compound
decomposes upon heating. Predict the products and write complete, balanced
equations for any reactions.

Further Practice: Questions 5.55 and 5.56 at the end of the chapter

Combination Reactions

In a combination reaction (also called synthesis), two elements, an element and
a compound, or two compounds react to produce a single compound. An impor-
tant type of combination reaction involves two elements. Most metals react with
most nonmetals to form ionic compounds. The products can be predicted from
the charges expected for the cation of the metal and the anion of the nonmetal, as
you learned in Chapter 2. For example, the silver-colored metal aluminum reacts
with bromine (Figure 5.16) to form solid aluminum bromide. The product of this
reaction can be predicted from the charges of the ions: 3+ for aluminum ion, and
1- for bromide ion:

2Al(s) + 3Br,y([) —— 2AIBr;(s)

Similarly, a nonmetal may react with a more reactive nonmetal to form a
molecular compound. For example, the yellow solid sulfur reacts with oxygen gas
to form colorless, gaseous sulfur dioxide (Figure 5.17):

Ss(s) + 80,(g) —> 8S0,(g)

This compound has a pungent odor and is one of the substances that make acid rain.
A compound and an element may combine to form another compound if one
exists with a higher atom:atom ratio. For example, carbon dioxide has a higher
oxygen:carbon atom ratio than does carbon monoxide. Carbon monoxide forms
when carbon (coal), hydrocarbons, or other carbon-containing materials are

FIGURE 5.16 Aluminum reacts with
bromine to form aluminum bromide.

FIGURE 5.17 In a combination
reaction, the elements sulfur and
oxygen form sulfur dioxide.

Combination reactions in which two
elements combine, or in which an
element and a compound combine,
are oxidation-reduction reactions,

in which a change in charge occurs.
For example, in the formation of
AlBr; from Al and Br,, the charge on
aluminum changes from 0 to 3+, and
the charge on bromine changes from
Oto 1-.

Nonmetals become more reactive
the closer they are to the upper-right
corner of the periodic table, ignoring
the noble gases. The most reactive
nonmetal is fluorine, F,.
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FIGURE 5.18 Carbon monoxide burns in
air to form carbon dioxide. This is a

combination reaction between a compound

and an element.

FIGURE 5.19 1In the burning of carbon
monoxide, oxygen atoms from oxygen
molecules combine with carbon monoxide
molecules and rearrange to form carbon
dioxide molecules.

Co Co,

O,

burned in the presence of insufficient oxygen. It is a colorless, odorless, poison-
ous gas.

2C(s) + Oy(g) — 2CO(g)

It reacts further with oxygen to form colorless, odorless carbon dioxide (Figure
5.18), which is a component of the atmosphere and of exhaled breath:

2CO(g) + Oy(g) — 2CO4(8)

The combination reaction of carbon monoxide and oxygen is shown on a molecular
level in Figure 5.19.

Two compounds may react to form a new compound. For example, calcium
oxide, a white solid, reacts with carbon dioxide to form white solid calcium carbon-
ate, which is found naturally in limestone, marble, and seashells:

CaO(s) + CO,(g) —— CaCOs(s)

Reactions such as this happen during the hardening and aging of cement.

ion Reactions

When pure calcium metal is exposed to the oxygen in air, a white coating appears
on the surface. Predict the product and write a complete, balanced equation for
this reaction.

Solution:

When two elements react, they form a compound. Since the elements are a metal and
a nonmetal, the compound should be ionic. The metal should form a cation, and the
nonmetal should form an anion. From their positions in the periodic table, we can
predict that the charge on the calcium cation should be 2+ and that the charge on the
oxide anion should be 2-. The product should be the compound formed from Ca*"
and O*, CaO. From this information, we can write the following word equation:

calcium + oxygen —— calcium oxide
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Using formulas, we get the following skeletal equation:
Ca(s) + O,(g) —— CaO(s)

The oxygen atoms are not balanced, so we place a coefficient of 2 in front of both
Ca(s) and CaO(s). This gives us a balanced equation:

2Ca(s) + O,(g) —> 2CaO(s)

Practice Problem 5.7

When magnesium metal burns in air, it forms two white compounds. One is the
compound expected for the reaction of magnesium with oxygen in air, while the
other, magnesium nitride, Mg;N,, results from a reaction with nitrogen in air.
Predict the product of the reaction of magnesium with oxygen. Write complete,
balanced equations for the reactions that form both products.

Further Practice: Questions 5.59 and 5.60 at the end of the chapter FIGURE 5.20 Calcium reacts with
water to form aqueous calcium

hydroxide and gaseous hydrogen.

Single-Displacement Reactions

In a single-displacement reaction, a free element displaces another element from
a compound to produce a different compound and a different free element. An
example is the thermite reaction between aluminum and iron(IIl) oxide, used in the
production of iron metal for welding (Figure 5.9):

K
heat Ba React with
2A1(s) + Fe,05(s) —— AL Os(s) + 2Fe()) St cold water to
. . . . . . € give H
In single-displacement reactions, the displaced element is often a metal, but it NZ ?
can be a nonmetal. Let’s consider a common type of single-displacement reaction, N
one in which a highly reactive metal displaces hydrogen from water. For example, Alg
calcium reacts with cold water to form calcium hydroxide and hydrogen gas, as Mn  React with
shown in Figure 5.20: Zn  steamto
Cr give H,
Ca(s) + 2H,0(l) —— Ca(OH),(aq) + H,(g) .
. . Z
Some metals, such as magnesium, do not react with cold water, but react slowly B Cd
with steam: g Co ,
B N React with
heat g g acids to
Mg(s) + 2H,0(g) —— Mg(OH),(aq) + Ha(g) 2 e
Metals that are still less reactive do not react with water at all, but they do displace H,
hydrogen from acids. Cobalt is an example: Sb
Co(s) + 2HCl(ag) —— CoCly(aq) + H,(g) Bi
Cu
The reaction of metals with acids is sometimes called corrosion, especially if the Ag Do not react
result is undesirable. Corrosion is a process in which a solid is slowly eaten away. Hg togiveH,
Metals that are even less reactive, such as copper, do not react with either water or Pd
acids in a single-displacement reaction. Pt
Au

How do we predict which metals react with water or acids? We can use an
activity series, a list of the metals in order of their reactivity (e.g., Figure 5.21).
A more active element displaces a less active element from its compounds. The
most active elements, found at the top of the activity series, react with cold water elements appear at the top. The
to release hydrogen gas. The next most active elements react with steam to release  oations to the right side indicate the
hydrogen gas. All the elements more active than hydrogen in the series react with  reactivity of these elements with
acids. None of the elements less active than hydrogen displace hydrogen gas from  water or acids to release molecular
any compound. hydrogen gas.

FIGURE 5.21 In this chemical

activity series, the most active
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All single-displacement reactions
are oxidation-reduction reactions.
In the thermite reaction, aluminum
displaces iron from its oxide
compound. Aluminum changes its
charge from 0 to 3+, while iron
changes its charge from 3+ to 0.

Copper, mercury, and gold do not
react with acids to release hydrogen
gas, but they do react with nitric
acid to form the metal nitrate and
nitrogen dioxide gas. The reaction
for copper is given by the following
equation:

Cu(s) + 4HNO;(ag) ——
Cu(NO;,),(aq) + 2NO,(g) + 2H,O())

This is another example of an
oxidation-reduction reaction.

@ ANIMATION: Oxidation and Reduction
Reactions

EXAMPLE 5.8 tion of Metals with Water and Acids

Antonio is asked to make a magnesium statue to be placed in the middle of a
public fountain. Should he take the commission? Why or why not?

Solution:

From its position in the activity series, we know that magnesium reacts with
steam to release hydrogen gas:
hea
Mg(s) + 2H,0(g) = Mg(OH),(ag) + Hs(g)
If splashed with water from the fountain and heated by the sun, the statue will
corrode. Antonio should suggest a different metal.

Practice Problem 5.8

Tomatoes are acidic. Why don’t we use iron cans coated with zinc to hold tomato
sauce?

Further Practice: Questions 5.65 and 5.66 at the end of the chapter

The displacement of hydrogen from water or acids is just one type of single-
displacement reaction. Other elements can also be displaced from their compounds.
For example, copper displaces silver. If a piece of copper metal is placed in an aqueous
solution of silver nitrate, silver metal is deposited on the surface of the copper (Figure
5.22). The copper is converted to an ionic copper(Il) compound in solution:

Cu(s) + 2AgNO;(ag) — Cu(NO3),(ag) + 2Ag(s)

As shown in Figure 5.23, atoms on the surface of the copper metal develop a
positive charge by losing electrons and go into solution as copper(Il) ions. Silver
ions in solution, upon contacting the piece of copper metal, lose their positive charge
by gaining electrons to form silver atoms that stick to the copper’s surface. The
anions are not involved in the reaction and remain unchanged in the solution.

FIGURE 5.22 Copper metal reacts with aqueous silver nitrate to form silver metal and aqueous
copper(Il) nitrate. The blue color of the solution is due to the formation of Cu?*(ag). A microscopic
view shows that the silver metal is deposited as crystals.
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Cu(s) + 2AgNO;(ag) —> Cu(NOy),(aq) + 2Ag(s)

FIGURE 5.23 Copper atoms are converted to copper(Il) ions, and silver ions are converted to
silver atoms. Nitrate ions remain unchanged in solution.

A single-displacement reaction was responsible for severe corrosion that
occurred in the Statue of Liberty. In the damp environment of New York Harbor, the
copper panels on the outside of the statue developed a coating of copper(Il) oxide,
copper(Il) hydroxide, and copper(Il) carbonate, while the iron used for the inner
framework rusted to form iron(III) oxide. This brought copper metal in contact with
iron(III) ions and iron in contact with copper(II) ions. Would either of these combi- ~ FIGURE 5.24 The Statue of Liberty
nations undergo a single-displacement reaction? As the National Park Service found =~ Was closed between 1984 and 1986.
out, the answer is yes. The iron was converted to iron(II) ions and the copper(I) ions It was rebuilt to remedy the effects
were converted to copper metal: of corrosion.

Fe(s) + CuO(s) —> Cu(s) + FeO(s)

Consequently, corrosion of the metal framework was accelerated by a factor of
1000, and the statue had to be rebuilt (Figure 5.24).

Will a single-displacement reaction occur with all combinations of metals and
ionic compounds? No. Earlier we saw that if we place a piece of copper metal in
a solution of silver nitrate, silver metal is deposited and copper goes into solution
as copper(Il) nitrate. But the opposite does not occur. If we place a piece of silver
in a solution of copper(Il) nitrate, nothing happens (Figure 5.25). If we have two
metals and solutions of their ions, only one combination will undergo a single-

Cu metal Ag metal Cu metal Ag metal

Ag* Cu?* Ag" and Cu?* Silver plated Cu?*
solution solution solution on copper solution

Before After

FIGURE 5.25 Although a single-displacement reaction occurs when a piece of copper metal is placed in a solution of silver nitrate, no
reaction occurs when a piece of silver is placed in a solution of copper(Il) nitrate. Copper is more active than silver.
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@ ANIMATION: Precipitation Reactions
(Solubility)

displacement reaction. How can we tell which? We can use the activity series
shown in Figure 5.21. The more active metal displaces the less active metal from
its ionic compound, but a less active metal cannot displace a more active metal
from its ionic compound. Thus, magnesium will displace iron from FeCl,, but tin
or copper will not.

" EXAMPLE 5.9 lacement of Metal lons

Antonio has two pieces of metal, zinc and iron. He also has two aqueous solu-
tions, one of zinc chloride and one of iron(II) chloride. Which metal will corrode
when placed in one of the solutions? Which solution? Write a balanced equation
for the reaction.

Solution:

A metal placed in a solution containing its own ions will not react. Thus, we must
consider whether iron metal will displace zinc ions from solution or whether zinc
metal will displace iron(II) ions from solution. To determine which reaction will
occur, we consult the activity series. The more active metal will displace ions of
the less active metal from solution. Figure 5.21 shows that zinc is more active
than iron. Therefore, it will displace ions of iron from solution. The products of
the reaction will be iron metal and zinc chloride. The word equation is

zinc + iron(II) chloride —— zinc chloride + iron
Substituting the formulas gives us the following skeletal equation:
7Zn(s) + FeCl,(aqg) —— ZnCl,(aq) + Fe(s)
Counting atoms of each element, we see that this is also the balanced equation

for the reaction.

Practice Problem 5.9

Antonio has two other pieces of metal, cobalt and tin. He also has two aqueous
solutions containing their ions, one of cobalt(I) sulfate and one of tin(Il) sulfate.
Which metal will corrode when placed in one of the solutions? Which solution?
Write a balanced equation for the corrosion reaction.

Further Practice: Questions 5.67 and 5.68 at the end of the chapter

Double-Displacement Reactions

Jennifer mixed a solution of lead(II) acetate with a solution of potassium iodide and
formed a yellow solid of lead(II) iodide, leaving potassium acetate in solution:

Pb(CH;CO,),(aq) + 2KI(ag) —> Pbl,(s) + 2KCH;CO,(aq)

Consider a similar reaction. When aqueous sodium sulfide reacts with hydrochloric
acid, for example, it forms aqueous sodium chloride and hydrogen sulfide gas:

Na,S(aq) + 2HCl(aq) —— 2NaCl(aq) + H,S(g)

When aqueous potassium hydroxide reacts with aqueous nitric acid, it forms water
and aqueous potassium nitrate:

KOH(ag) + HNOs(ag) —— H,O(]) + KNOs(aq)

What do these reactions have in common? In each reaction, two compounds
exchange parts to form two new compounds. Such a reaction is called a double-
displacement reaction. In all double-displacement reactions, two compounds
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exchange ions or elements to form new compounds. What is the driving force that
causes two compounds to exchange partners? In the first example, called a pre-
cipitation reaction, one product compound separates from the reaction mixture
because it is insoluble. It forms a solid. In the second example, one product
compound separates from the reaction mixture as an insoluble gas. In the third
example, a stable molecular substance, water, is formed. In each case reactant ions
are removed from the solution by forming a new substance—either a solid, a gas,
or a stable molecular compound.

Not all combinations of two compounds can undergo a double-displacement
reaction. Consider the compounds potassium chloride and nitric acid, for example.
If they are dissolved in aqueous solution, they form the following ions: K*(aq),
Cl(aq), H"(ag), and NO5 (aq). Nothing appears to happen. We see no sign of a reac-
tion because no combination of the component ions can form either a compound that
will separate from the solution or a stable molecular compound.

We will consider three classes of double-displacement reactions: precipita-
tion, gas formation, and acid-base neutralization reactions. For each class we will
examine how to determine whether a reaction will occur.

Precipitation Reactions In precipitation reactions, reactants exchange ions to

form a precipitate. A precipitate is an insoluble ionic compound that does not dis- FIGURE 5.26 When solutions of
solve in water. If a possible product is insoluble, a precipitation reaction should  1arium chloride and sodium sulfate
occur. We can predict whether such a compound will form by consulting the solubil- mix, a precipitate of barium sulfate
ity rules, some of which are listed in Table 5.3. forms, leaving sodium chloride in

Suppose we mix colorless, aqueous solutions of barium chloride and sodium  the solution.
sulfate. As shown in Figure 5.26, this reaction produces a white precipitate. Since
we started with solutions of the reactants, they must be soluble, so neither of these
substances could be the insoluble solid. We have to identify which possible product
would be insoluble. We start examining the possibilities by considering the products
that could be made by exchanging the cations and anions present in the reactants. In
this case, we must consider barium sulfate and sodium chloride as possible products.
We then have to consider whether either or both is insoluble.
According to the solubility rules in Table 5.3, most sulfate compounds, sodium R ANIMATION: Barium Precipitation
compounds, and chloride compounds are soluble. An exception is barium sulfate,
which is insoluble. Sodium chloride, according to the rules, is soluble. Thus, the

TABLE 5.3 | Rules Used to Predict the Solubility of lonic Compounds

Tons Rule

Na*, K*, NH,*

Gl @it vl ) Most compounds of alkali metal and ammonium ions are soluble.

NO;~, CH;CO,~ All nitrates and acetates are soluble.
SO, Most sulfates are soluble. Exceptions are BaSO,, SrSO,, PbSO,, CaSO,, Hg,SO,, and Ag,SO,.
Cl, Br, I Most chlorides, bromides, and iodides are soluble. Exceptions are AgX, Hg,X,, PbX,,
and Hgl,. (X = Cl, Br, or I.)
Ag* Silver compounds, except AgNO; and AgClO,, are insoluble. AgCH;CO, is slightly soluble.
O*, OH" Oxides and hydroxides are insoluble. Exceptions are alkali metal hydroxides, Ba(OH),, Sr(OH),, and
Ca(OH), (somewhat soluble).
S* Sulfides are insoluble. Exceptions are compounds of Na*, K*, NH," and the alkaline earth metal ions.
Cro,> Most chromates are insoluble. Exceptions are compounds of Na*, K*, NH,*, Mg?*, Ca*, AI**,
and Ni**.
CO,*, PO,*, SO,%, Si0* Most carbonates, phosphates, sulfites, and silicates are insoluble. Exceptions are compounds of

Na*, K*, and NH,*.
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FIGURE 5.27 In double-displacement reactions, one pair of ions combines to form a solid, a
gas, or an undissociated molecule, leaving the other pair of ions in solution. In this reaction
barium ions react with the sulfate ions to form the barium sulfate precipitate, BaSO,(s). Note
that the Na*(aq) and Cl (aq) ions undergo no change at all.

insoluble product must be barium sulfate. From this information, we can write the
following skeletal equation:

BaCl,(agq) + Na,SO4(ag) —— BaSO,(s) + NaCl(agq)

We can balance this equation in the usual manner, giving the following balanced
equation:

BaCl,(agq) + Na,SO,(ag) —— BaSO,(s) + 2NaCl(aq)

Let’s also consider this reaction on a molecular level (Figure 5.27). From the
diagrams, we see that mixing the two solutions gives us a solution that contains four
kinds of ions. After precipitation of the barium sulfate, the solution still contains the
two ions, Na*(aq) and Cl (ag), that do not form an insoluble compound. These ions
do not undergo a chemical change.

pitation Reactions

EXAMPLE 5.10

Janelle finds a recipe for the preparation of the pigment chrome yellow. She
dissolves lead(Il) nitrate and potassium chromate in separate volumes of water,
and then mixes the two solutions. She obtains a yellow precipitate. Identify the
precipitate and write a balanced equation for the reaction she carried out.

Solution:

Predicting products and balancing their formulas: The starting solutions
contain Pb*(ag), NO; (ag), K*(ag), and CrO,* (ag). We can write the possible
product formulas (without physical state symbols for now) by exchanging cations
and anions to get the other possible arrangement. The product formulas must be
written so that they are balanced with the cation and anion charges cancelling to
give a neutral overall charge or zero. In the first product written, the lead ion and
chromate are 2+ and 2—, respectively, so the formula is balanced as is, PbCrO;,.
In the second product written, the potassium ion and nitrate ion are 1+ and 1-,
respectively, so that formula is also already balanced, KNOs. In this case, no
subscripts are needed to balance the formulas.
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Pb(NO,),(ag) + K,CrO,(ag) — PbCrO, + KNO,

Identifying the precipitate: Because Janelle obtained a precipitate, we know
one product must be an insoluble solid. The solubility rules in Table 5.3 say that
most compounds of potassium are soluble and all nitrates are soluble, so KNO;
is water soluble. The only other product is PbCrO,, so it must be the insoluble
solid and the identity of the yellow precipitate. We use physical state symbols to
show that the precipitate PbCrO,(s) is an insoluble solid and that KNOs(ag) is
soluble in water:

Pb(NO,),(ag) + K,CrO,(ag) — PbCrO,(s) + KNOs(ag)

Changing coefficients to balance the equation: Note that potassium and nitrate
ions are not balanced. Changing the coefficient in front of KNOs(ag) from 1 to 2
balances the equation:

Pb(NO,),(ag) + K,CrO,(aqg) — PbCrO,(s) + 2KNOs(ag)

Practice Problem 5.10

Jennifer mixes solutions of cadmium(II) nitrate and sodium sulfide and obtains
an orange precipitate that is the pigment cadmium orange. Identify the precipi-
tate, and write a balanced equation for the reaction she carried out.

Further Practice: Questions 5.77 and 5.78 at the end of the chapter

Gas-Formation Reactions In a similar type of reaction, the formation of an
insoluble (or only slightly soluble) gas provides the driving force for a reaction.
Thus, a double-displacement reaction should occur if an insoluble gas would be
formed. All gases are soluble in water to some extent, but only a few are highly
soluble. The common very soluble gases are HCI(g) and NH;(g). Sulfur dioxide,
S0O,, is fairly soluble, with about 3 mol dissolving in a liter of cold water. All other
gases, generally binary molecular compounds, are sufficiently insoluble to provide
a driving force if they are formed as a reaction product. For example, many sulfide
compounds, such as the ZnS used in some television screens, will react with acids
to form gaseous hydrogen sulfide:

ZnS(s) + 2HCl(ag) — ZnCly(ag) + H,S(g)

Sometimes insoluble gases do not form directly from a double-displacement
reaction. Instead they form when an unstable product of a double-displacement
reaction decomposes. For example, calcium carbonate reacts with hydrochloric acid
to form calcium chloride and carbonic acid:

CaCOs(s) + 2HCl(aq) —> CaCly(aq) + H,COs(agq)

Carbonic acid, H,COj3, is an unstable substance. It readily decomposes to form water
and carbon dioxide (Figure 5.28), as described in Table 5.2:

H,COs(aq) —> H,O()) + CO4(g)
The net reaction is
CaCO;(s) + 2HCl(ag) —— CaCly(aq) + H,O() + CO,(g)

Such reactions are responsible for the acid rain damage to marble statues (composed
of CaCOs;) that Breanna was investigating. Acid rain erodes marble and limestone,
pitting their surfaces and diminishing the detail of carvings and castings. In the air,
oxides of nitrogen and sulfur, released from motor vehicles and some industrial

FIGURE 5.28 When an acid reacts
with a metal carbonate, bubbles of
carbon dioxide gas form.
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FIGURE 5.29 A sandstone statue
sculpted in 1702 was photographed in
1908 (left) and again in 1969 (right).
The damage resulted from the
reaction of acid rain with the calcium
carbonate that binds the sand particles
together in sandstone.

processes, form nitric and sulfuric acids, which fall to Earth with the rain. As shown
in Figure 5.29, exposure of marble or sandstone statues to acid rain leads to loss of
some of the calcium carbonate of which they are made. Many old statues and archi-
tectural features have eroded over time because of air pollution.

Reactions

Magnesium sulfite, MgSOs;, is used as a bleach to make wood pulp for making
paper. A gas is released when this compound is mixed with acid. Identify the gas,
and write a balanced chemical equation for the reaction of magnesium sulfite
with hydrochloric acid.

Solution:
Sulfites react with acid to give sulfur dioxide gas. Initially, we have a double-
displacement reaction:

MgSO;(s) + 2HCl(aqg) —— MgCl,(aq) + H,SOs(aq)
In a sufficiently concentrated solution, the sulfurous acid then undergoes a
decomposition reaction:

H,SO5(aq) — H,O()) + SO,(g)

The overall reaction forms a metal compound with the anion present in the acid,
along with molecular water and sulfur dioxide gas:

MgSO05(s) + 2HCl(aq) —— MgCl,(aq) + H,O(l) + SO,(g)

Practice Problem 5.11

The reaction of barium sulfide with sulfuric acid is used to prepare barium sul-
fate. Barium sulfate, combined with zinc sulfide and zinc oxide, is used to make
the white pigment lithopone. Write a balanced equation for the reaction of barium
sulfide with sulfuric acid.

Further Practice: Questions 5.79 and 5.80 at the end of the chapter
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Acid-Base Neutralization Reactions A neutralization reaction is a double-
displacement reaction of an acid and a base. Recall from Chapter 3 that acids are
compounds that release hydrogen ions, and bases are compounds that neutralize
acids. They react with the hydrogen ions released by acids. The most common bases
are hydroxide compounds of metals. Normally, an acid reacts with a base to form
an ionic compound and water. The formation of stable water molecules from hydro-
gen ions and hydroxide ions is the driving force for neutralization reactions. A
common laboratory example of an acid-base neutralization is the reaction between
hydrochloric acid and sodium hydroxide:

HCl(aq) + NaOH(aq) — NaCl(aq) + H,0()

-Base Neutralization

Upset stomachs are sometimes treated with the antacid Milk of Magnesia, which
is a suspension of magnesium hydroxide in water. Stomach acid is hydrochloric
acid. Write a balanced equation for the reaction that occurs when Milk of Magnesia
mixes with stomach acid.

Solution:

The reactants are Mg(OH),(s) and HCI(ag). A reaction between two compounds
is usually a double-displacement reaction. Since we can recognize Mg(OH), as a
base and HCl as an acid, this must be a neutralization reaction. The products can
be predicted by exchanging partners—Mg>* with CI~ and H* with OH—giving
MgCl, and H,O. From the solubility rules, we see that MgCl, should be soluble.
Writing the skeletal equation gives

Mg(OH),(s) + HCl(aqg) —— MgCl,(aq) + H,O(0)
The complete, balanced equation is
Mg(OH),(s) + 2HCl(aq) —— MgCl,(aq) + 2H,0(l)

Practice Problem 5.12

Calcium oxide is the white powder, lime. When added to water, it makes slaked
lime, which is a solution of the base calcium hydroxide. If sulfuric acid is added
to slaked lime, calcium sulfate and water form. Write a complete, balanced equa-
tion for the reaction between sulfuric acid and calcium hydroxide.

Further Practice: Questions 5.81 and 5.82 at the end of the chapter

Combustion Reactions

Any reaction that involves oxygen molecules as a reactant and that rapidly produces
heat and flame is a combustion reaction. We see a flame when a large amount of
energy in the form of heat is released very rapidly. The burning of a fuel, such as logs
in a fireplace or methane in a gas stove, is a common combustion reaction. Combus-
tion reactions are also used to heat kilns for firing pottery. Many other substances
can undergo combustion, as shown in Figure 5.30.

Both metallic and nonmetallic elements can undergo combustion. In such
instances, the reactions can also be classified as combination reactions. The follow-
ing are examples of both combustion and combination reactions:

2Mg(s) + O,(g) —> 2MgO(s)
S(s) + Oy(g) —> SO,(g)

Metal oxides can behave like bases
when dissolved in water because
they react with water to form metal
hydroxides. For example, the
equation for the reaction of calcium
oxide with water is

CaO(s) + H,O(/) —> Ca(OH),(aq)
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FIGURE 5.30 Many substances can

undergo combustion reactions. Which

of these reactions could also be
classified as combination reactions?

If insufficient oxygen is present,
combustion of a hydrocarbon
produces carbon monoxide instead
of carbon dioxide. Because carbon
monoxide is poisonous, a barbecue
grill with charcoal briquettes should
never be used indoors.

Hydrocarbon derivatives such as
alcohols and sugars participate in
combustion reactions. If elements
other than hydrogen, oxygen, and
carbon are reactants in a combus-
tion reaction, they are converted to
their oxides.

Nonmetal combustion Metal combustion
Ss(5) + 80,(g) —> 850a(g) 2Mg(s) + O,(g) —> 2MgO(s)

Hydrocarbon combustion Hydrocarbon combustion
CH,(g) +20,(g) —> CO,(g) + 2H,0(g) C,sHs,(5) + 380,(g) —> 25CO,(g) + 26H,0(g)

Look back at the section on combination reactions and see which of the examples
there can also be classified as combustion reactions.

The most common combustion reactions involve hydrocarbons as one of the
reactants. Hydrocarbons are chemical compounds made only of hydrogen and
carbon. Propane, C;Hg, is a hydrocarbon used as a fuel for barbecue grills. The
combustion of propane is described by the following equation:

C3Hy(g) +50,(g) — 3CO,(g) + 4H,0(g)

When plenty of oxygen is available for the reaction, the hydrogen in hydrocarbons
forms water vapor, and the carbon forms carbon dioxide, as shown in Figure 5.31.

CH,

0,

Co,

FIGURE 5.31 In combustion reactions, oxygen combines with other elements in the other
reactant to form oxides. In this example, the combustion of methane produces carbon dioxide
and water.
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ustion Reactions

Antonio uses an oxyacetylene torch to cut some pieces of metal. The heat from
the torch comes from the combustion of acetylene, C,H,(g). Write a balanced
equation for the reaction.

Solution:

Acetylene reacts with molecular oxygen to form carbon dioxide and water. The
skeletal equation is

C,H,(g) + O5(g) —— CO4(g) + H,0(g)
Balancing this equation results in
2C,H,(g) + 50,(g) — 4CO0,(g) + 2H,0(g)

Practice Problem 5.13

Shellac, used as a transparent coating on wood and other materials, is a suspen-
sion of a tree sap (resin) in methanol, CH;OH(/). The mixture is highly combus-
tible. Write an equation to describe the combustion of methanol.

Further Practice: Questions 5.85 and 5.86 at the end of the chapter

I 5-5 | REPRESENTING REACTIONS @ANIMATION:TypesofChemicaI

IN AQUEOUS SOLUTION Reactions

A chemical equation is a shorthand way of showing the changes that occur in a
chemical reaction. Many of the reactions mentioned in this chapter occur in solu-
tion. We have written them as if the reactants were molecular compounds, but in
many cases, they are not. To be accurate in representing reactions that occur in
solution, we should represent soluble ionic compounds, as well as strong acids and
bases, by the formulas of their component ions. For example, Pb(NO3),(ag) can be
represented as Pb**(ag) + 2NO; (aq). From Chapter 3 recall that ionic compounds
dissolved in water break apart into their component ions. They are electrolytes.
Insoluble solids are nonelectrolytes.

Consider the reaction of aqueous solutions of lead(I) nitrate and potassium
chromate, both of which are ionic compounds and strong electrolytes. Their reaction
is used to prepare the pigment chrome yellow, which is lead(Il) chromate, leaving
an aqueous solution of potassium nitrate, as shown in Figure 5.32. Earlier, we wrote
the following equation for this reaction:

Pb(NO;),(aq) + K,CrO4(ag) —— PbCrO,(s) + 2KNO;(ag)

An equation in this form is often called a molecular equation, because it represents
the substances as if they existed as molecules (or formula units) in solution rather
than dissociated into ions. The following ionic equation represents the substances
more appropriately, since both reactants are soluble strong electrolytes that dissoci-
ate into ions in solution:

Pb*(aq) + 2NO; (ag) + 2K*(ag) + CrO,* (ag) — FIGURE 5.32 Mixing solutions of

PbCrO,(s) + 2K*(ag) + 2NO5 (aq) lead nitrate and potassiqm chromate
produces the yellow solid lead(1I)
Note that potassium ions and nitrate ions occur on both sides of the equation in equal ~ chromate and a solution of

numbers. They are called spectator ions because they do not participate in the reaction. ~ potassium nitrate.
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Metal ions of group IA (1) always
form soluble compounds, so they
are always spectator ions in double-
displacement reactions. Look back
at Figure 5.27. Identify the spectator
ions in that molecular diagram.

When no new substance is formed,
all ions are spectator ions and no
reaction occurs.

Spectator ions need not be written in the final form of a balanced equation. They can be
eliminated from both sides. Thus, the reaction can be represented as follows:

Pb*(aq) + CrO,* (ag) —> PbCrO,(s)

Such an equation, called the net ionic equation, includes only those substances that
are involved in the reaction.

In addition to double-displacement reactions, single-displacement reactions can
also have net ionic equations that differ from their molecular equations. An example
is the reaction of copper metal with silver nitrate in aqueous solution (Figures 5.21
and 5.22):

Cu(s) + 2AgNO;(ag) —— Cu(NOs),(ag) + 2Ag(s)

The soluble ionic compounds are strong electrolytes, so they are written as dissoci-
ated ions in the ionic equation:

Cu(s) + 2Ag*(aq) + 2NO; (ag) — Cu**(ag) + 2NO; (aq) + 2Ag(s)

What are the spectator ions? They are those species that undergo no change and there-
fore are shown on both sides of the ionic equation. In this reaction the spectator ions
are only the nitrate ions, NOs™. The other species undergo a change: copper element
changes to copper ion, and the silver ion changes to silver element. The net ionic equa-
tion omits the spectator ions and shows only those species that change:

Cu(s) + 2Ag*(aq) — Cu**(ag) + 2Ag(s)

In some aqueous reactions there are no spectator ions. An example is the reaction of
a highly active metal with water:

2K(s) + 2H,0(l) — 2KOH(agq) + H,(g)
Its ionic equation shows no spectator ions:

2K(s) + 2H,0(l) — 2K*(aq) + 20H (aq) + H,(g)

lonic Equations

Consider the reaction between colorless aqueous solutions of silver nitrate,
AgNO;, and potassium bromide, KBr, which gives a pale yellow precipitate and
a colorless solution. The precipitate is used extensively in photographic films and
papers. Identify the precipitate and write molecular, ionic, and net ionic equations
for the reaction.

Solution:

Both compounds are strong electrolytes, so they dissociate into the ions Ag*(ag),
NO;5(aq), K*(ag), and Br (aq) in solution. Possible formulas for the precipitate,
then, are AgNO;, KBr, AgBr, and KNO;. The first two choices can be eliminated
because we started with solutions of AgNO; and KBr. If they could have precipi-
tated as solids, they would have done so before mixing. That leaves AgBr and
KNO;. The solubility rules (Table 5.3) indicate that KNO; should be soluble and
AgBr should be insoluble. Thus, we can write the molecular equation

AgNOs(ag) + KBr(ag) —> AgBr(s) + KNOs(aq)

Since AgNO;, KBr, and KNO; are all strong electrolytes in solution, we can write
their formulas as the separate ionic formulas, giving the following ionic equation:
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Ag'(aq) + NO;y (aq) + K'(aq) + Br(aq) —— AgBr(s) + K*(aq) + NO; (aq)
Finally, NO;~ and K* occur on both sides of the equation, so they are spectator
ions. They can be eliminated, giving the following net ionic equation:

Ag*(aq) + Br(ag) —— AgBr(s)

Practice Problem 5.14

Barium sulfate, used in the white pigment lithopone, can be prepared by mixing
solutions of barium chloride and sodium sulfate. Write balanced molecular, ionic,
and net ionic equations for the reaction.

Further Practice: Questions 5.103 and 5.104 at the end of the chapter

I SUMMARY

In chemical reactions, the rearrangement of atoms converts one set of substances
(the reactants) into another set of substances (the products). The molecular-level
rearrangements that occur during a reaction often result in observable macroscopic
changes. Typical changes include a transfer of heat, a change in color, or the forma-
tion of a solid or gas.

Chemical reactions are represented symbolically by chemical equations, with
the formulas of the reactants and the products separated by an arrow. A coefficient
precedes each formula to indicate the relative number of molecules or formula units
involved in the reaction. A chemical equation is balanced when the number of atoms
of each component element is the same in the reactants as in the products.

The products of chemical reactions must be identified experimentally. However,
reasonable predictions are possible for five classes of reactions:

1. In decomposition reactions, complex substances break down into simpler ones
upon heating. Patterns of reactivity predict the products of decomposition
reactions.

2. Combination reactions make more complex substances from simpler ones. The
products of reactions between a metal and a nonmetal are ionic compounds.
Knowing the common charges of ions allows us to predict them.

3. In single-displacement reactions, an element displaces another element from its
compound. An activity series predicts whether a single-displacement reaction
will occur.

4. In double-displacement reactions, two compounds exchange partners, such as
cations and anions. Such reactions occur if the products include an insoluble
solid (a precipitate), an insoluble gas, or a stable molecule such as water.

5. Combustion is the reaction of a substance with oxygen, often rapidly produc-
ing heat and flames. When an excess of oxygen is available, the products of the
combustion of hydrocarbons are water vapor and carbon dioxide.

An ionic equation accurately describes reactions that occur in solution, because
it represents soluble electrolytes with the formulas of their component ions. Any
ions that occur on both sides of the equation are spectator ions. They don’t par-
ticipate in the chemical reaction. When the spectator ions are eliminated from the
equation, what remains is a net ionic equation. Such equations focus only on the
chemical changes that occur.
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KEY TERMS

activity series (5.4)
anhydrous (5.4)
balanced equation (5.3)

combustion reaction (5.4)
corrosion (5.4)
decomposition reaction (5.4)
chemical equation (5.3) double-displacement reaction

combination reaction (5.4) 5.4

QUESTIONS AND PROBLEMS

precipitation reaction (5.4)
product (5.1)

reactant (5.1)

neutralization reaction (5.4) single-displacement reaction
precipitate (5.4) (5.4)

spectator ion (5.5)

ionic equation (5.5)
molecular equation (5.5)
net ionic equation (5.5)

The following questions and problems, except for those in the Additional Questions section, are paired. Questions in a pair focus on the
same concept. Answers to the odd-numbered questions and problems are in Appendix D.

Matching Definitions with Key Terms

5.1  Match the key terms with the descriptions provided.

(a) areaction in which a free element displaces another
element from a compound to produce a different
compound and a different free element

(b) a compound free of molecular water

(c) aform of a chemical equation in which substances
are represented as if they existed as molecules (using
formula units), even though the substances may exist
in solution as ions

(d) a chemical reaction in which a substance breaks
down into simpler compounds or elements

(e) achemical equation that has coefficients in front of
each formula to make the number of atoms of each
element the same on both sides of the equation

(f) a substance that is converted to another substance
during a chemical reaction

(g) anion that is not involved in a chemical reaction

(h) areaction that involves molecular oxygen as a
reactant and that rapidly produces heat and flames

(i) an insoluble solid deposited from a solution

5.2 Match the key terms with the descriptions provided.

(a) areaction in which two elements, an element and a
compound, or two compounds join to form a new
compound

(b) alist of metals in order of activity

(c) an abbreviated representation of a chemical reaction
consisting of chemical symbols and formulas

(d) a substance formed from another substance during a
chemical reaction

(e) a form of a chemical equation in which ionic
compounds are represented as the separated ions

(f) areaction of an acid and a base to form an ionic
compound and water

(g) areaction in which the reactants in solution exchange
ions to form a solid

(h) aform of a chemical equation in which ionic
compounds are represented as the separated ions, and
spectator ions are eliminated

(1) areaction in which two compounds exchange ions or
elements to form new compounds

What Is a Chemical Reaction?

5.3  Aluminum metal reacts with oxygen gas in the air to give
aluminum oxide solid. Identify the reactants and products
in this reaction.

5.4  Nitrogen gas and solid iodine form in an explosive
reaction when nitrogen triiodide is detonated. Identify the
reactants and products in this reaction.

5.5  Xenon gas reacts with fluorine gas to form xenon
tetrafluoride gas. Identify which image represents
reactants and then which image represents products.




5.6

5.7

5.8

Ozone gas, O3, reacts with carbon monoxide gas to form 5.9
oxygen gas and carbon dioxide gas. Identify which image

represents reactants and which image represents products.
o
@Oz G

A B

C D

5.10

This molecular-level diagram represents a chemical
reaction between nitrogen and hydrogen gases. Is it
accurate? If not, what is wrong with it and how would you
fix it?

5.11

This molecular-level diagram represents a chemical
reaction between hydrogen and oxygen gases. Is it
accurate? If not, what is wrong with it and how would you
fix it?

5.1
0, H,

2
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Examine the following molecular-level diagram of a
chemical reaction. The product image is incomplete.
How would you modify this to show that the law of
conservation of mass is obeyed?

-

Examine the following molecular-level diagram of a
chemical reaction. The product image is incomplete.
How would you modify this to show that the law of
conservation of mass is obeyed?

Sulfur dioxide reacts with oxygen to form sulfur trioxide.
Consider the following molecular diagram of a mixture
of reactants. Draw a diagram of the products when the
reaction is complete.

Nitrogen monoxide reacts with oxygen to form nitrogen
dioxide. Consider the following molecular diagram of

a mixture of reactants. Draw a diagram of the products
when the reaction is complete.
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How Do We Know a Chemical Reaction Occurs? 5.17 Examine the following molecular-level diagram. Is a

hemical i ing? Explai .
5.13  Examine the following photograph. Identify any evidence chemical reaction occurring? Explain your answer.

that a chemical reaction may be occurring.

5.18  Examine the following molecular-level diagram. Is a
chemical reaction occurring? Explain your answer.

5.14  Examine the following photograph. Identify any evidence
that a chemical reaction may be occurring.

5.19  Examine the following molecular-level diagram. Is a
chemical reaction occurring? Explain your answer.

“

5.20 Examine the following molecular-level diagram. Is a
chemical reaction occurring? Explain your answer.

5.15 A sample of dry ice (solid CO,) starts to form a white
cloud upon standing. Gaseous carbon dioxide is formed.
Is this change a chemical reaction? Explain your answer.

5.16 A piece of copper metal is placed in a solution of silver
nitrate. The solution turns blue, and a black deposit coats Writing Chemical Equations
the copper metal. Is this change a chemical reaction?

Explai 5.21 Whatis a chemical equation?
Xplain your answer.

5.22  What is the difference between a chemical equation and a

chemical reaction?

5.23  Consider the following equations. For each, decide
whether it represents a chemical reaction or a physical
change.

(a) COx(g) + HO() —> H,COs(aq)
(b) H,O(s) —> H,0(!)
(c) HOCN(g) — HCNO(g)



5.24

5.25
5.26

5.27

5.28

5.29

Consider the following equations. For each, decide
whether it represents a chemical reaction or a physical
change.
(a) SnCly(aq) + 4H,0(l) —> Sn(OH),(s) + 4HCl(aq)
(b) 4K(s) + Ox(g) —> 2K,0(s)
(¢) NaCl(s) —> Na*(ag) + Cl(ag)
Why must a chemical equation be balanced?

Why can’t subscripts be changed to balance a chemical
equation?

Write complete, balanced equations for each of the
following reactions.

(a) When solid sodium hydride, NaH, is added to
water, hydrogen gas is released and aqueous sodium
hydroxide forms.

(b) Aluminum metal reacts with chlorine gas to form
solid aluminum chloride.

Write complete, balanced equations for each of the
following reactions.
(a) Sodium metal reacts with oxygen gas to form solid
sodium oxide.
(b) Solid copper(Il) nitrate is heated to produce solid
copper(Il) oxide, gaseous nitrogen dioxide, and
oxygen gas.

Consider the following molecular-level diagram of a
chemical reaction between N,(g) and Cl,(g). Write a
balanced equation to represent this reaction.

5.30

Consider the following molecular-level diagram of a
chemical reaction between CH4(g) and O,(g). Write a
balanced equation to represent this reaction.

5.31

5.32

Questions and Problems

A piece of magnesium metal is ignited and burns with
an intense white flame, leaving behind a white ashlike
substance. Consider the following molecular diagrams.
Which matches this description of a chemical reaction?
Write an equation to represent this reaction.

D

‘When the silver-colored metal sodium reacts with water,
it forms a solution of sodium hydroxide and a molecular
gas bubbles out of the solution. Consider the molecular
diagrams shown in Question 5.31. Which matches this
description of a chemical reaction? Write an equation to
represent this reaction.

193
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5.33  Consider the incomplete molecular-level diagram of the
following reaction:

H,(g) + I,(g) — 2HI(g)

Complete this diagram to show the products expected for
this reaction.

5.34  Consider the incomplete molecular-level diagram of the
following reaction:

2NO(g) +2C0(g) — Ny(g) +2C04(g)

Complete this diagram to show the products expected for
this reaction.

5.35 Consider the following equation:
2NO,(g) — N,04(8)

Draw a molecular-level diagram that shows the reactants
and the products for this reaction.

5.36  Consider the following equation:
2F,(g) + 2H,0(g) —> 4HF(g) + Ox(g)

Draw a molecular-level diagram that shows the reactants
and the products for this reaction.
5.37 Balance each of the following skeletal equations:
(a) Al(s) + Cly(g) — AIClx(s)
(b) Pb(NO3),(aq) + K,CrOy(aq) —>
PbCrO,4(aq) + KNO;(aq)
(c) Li(s) + H,O(/) —> LiOH(aq) + H,(g)
(d) CeHy4(g) + O5(g) —> CO4(g) + H,0(g)
5.38 Balance each of the following skeletal equations:
(a) Mg(s) + Ox(g) — MgO(s)
(b) Zn(s) + AgNO,(aq) —> Zn(NOy),(aq) + Ag(s)
(¢) CyHy(g) + Ox(8) —> COx(g) + H,0(g)
(d) C;pHy044(s) + KCIO05() —>
CO,(g) + H,0(g) + KClI(s)
5.39 Balance each of the following skeletal equations:
(a) CuCly(aq) + AgNOs(aq) —>
Cu(NOs),(ag) + AgCl(s)
(b) Sg(s) + O,5(g) — SO4(g)
(c) C3Hg(g) + Ox(g) —> COx(g) + H,0(g)

5.40 Balance each of the following skeletal equations:
(a) ALOs(s) + HCl(ag) —> AlCls(aq) + H,O())
(b) PCl5(1) + AgF(s) —> PF;(g) + AgCl(s)
(¢) NOy(g) —> NO(g) + O04(8)
5.41 Write a balanced equation that corresponds to the
following word equation for a reaction in aqueous
solution:

copper + silver nitrate —> copper(Il) nitrate + silver

5.42  Write a balanced equation that corresponds to the
following word equation for a reaction in aqueous
solution:

barium chloride + sulfuric acid —>
barium sulfate + hydrochloric acid

Predicting Chemical Reactions

5.43 Describe the identifying characteristics of the following
classes of reactions: decomposition, combination, single-
displacement, and double-displacement.

5.44  Give examples of each of the following classes
of reactions: decomposition, combination, single-
displacement, and double-displacement.

5.45 Determine which classes of reactions would fit into each
of the following categories for the reactants and products.
Choices are decomposition, combination, single-
displacement, double-displacement, and combustion.

Reactants Products

(a) | Two elements One compound

One element and one
compound

(b) | One element and
one compound

(c¢) | One compound Two elements

5.46  Determine which classes of reactions would fit into each
of the following categories for the reactants and products.
Choices are decomposition, combination, single-
displacement, double-displacement, and combustion.

Reactants Products

One element and one
compound

(a) | One compound

(b) | Two compounds Two compounds

(c) | Two compounds One compound

5.47 A solution of sodium chloride is mixed with a solution of
lead(II) nitrate. A precipitate of lead(I) chloride results,
leaving a solution of sodium nitrate. Into which class(es)
does this reaction fit? Choices are decomposition,
combination, single-displacement, double-displacement,
and combustion.

5.48 Solid sulfur is ignited and burns in oxygen gas with a
blue flame to form sulfur dioxide. Into which class(es)
does this reaction fit? Choices are decomposition,
combination, single-displacement, double-displacement,
and combustion.



5.49

5.50

| ‘
(b)‘

Consider the following molecular-level diagrams of
chemical reactions. Identify each as decomposition,
combination, single-displacement, or double-
displacement.

——

——)

l

Consider the following molecular-level diagrams of
chemical reactions. Identify each as decomposition,
combination, single-displacement, or double-
displacement.

5.51

Balance the following chemical equations. Classify
the reactions as decomposition, combination, single-
displacement, double-displacement, or combustion.
(a) CaCly(aq) + Na,SO,(aq) —>
CaSO,(s) + NaCl(aq)
(b) Ba(s) + HCl(ag) —> BaCl,(aq) + H,(g)
(¢) Na(g) + Hay(g) — NHs(g)
(d) FeO(s) + CO(g) ——> Fe(s) + CO(g)
(e) CaO(s) + H,O(l) —> Ca(OH),(aq)
(f) Na,CrO4(aq) + Pb(NO;)y(ag) —>
PbCrOy(s) + NaNOs(aq)
(&) Kl(ag) + Cly(g) —> KCl(aq) + I(ag)

heat

(h) NaHCO;(s) — Na,CO;(s) + CO,(g) + H,0O(g)

5.52

5.53

5.54

5.55

5.56

5.57

5.58

5.59

5.60

5.61

5.62

5.63
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Balance the following equations and classify the reactions
as decomposition, combination, single-displacement,
double-displacement, or combustion.

(a) GaH; + N(CH3); —> (CH3);NGaH;

(b) Ca(s) + H,O()) —> Ca(OH),(aq) + Hy(g)

(c) Ny(g) + CaCy(s) —> C(s) + CaNCN(s)

(d) Ny(g) + Mg(s) —> MgsNy(s)

(e) NH,Cl(s) —> NHjs(g) + HCI(g)

heat

(f) CaO(s) + SOs(g) —> CaSOy(s)
(2) PCly(g) = PCly(g) + Cly(g)

heat

(h) CasNy(s) + HyO(l) ——> Ca(OH),(aq) + NH;(g)
When heated, nickel(II) carbonate undergoes a
decomposition reaction. Write a balanced equation to
describe this reaction.

When heated, platinum(IV) chloride undergoes a
decomposition reaction. Write a balanced equation to
describe this reaction.

Complete and balance the equation for each of the
following decomposition reactions.
heat

(a) CaCOs(s) —>

heat

(b) CuSO,5SH,O(s) —>
Complete and balance the equation for each of the
following decomposition reactions. [The products in part

(b) are elements. |
heat

(a) Cu(OH)y(s) ——>

(b) NaN;(s) ——>
Magnesium metal reacts with oxygen gas in a
combination reaction. Write a balanced equation to
describe this reaction.
Sodium metal reacts with chlorine gas in a combination
reaction. Write a balanced equation to describe this
reaction.
Complete and balance the equation for each of the
following combination reactions.

(a) Ca(s) +Ny(g) —>

(b) K(s) + Bry()) —>

(c) Al(s) + Oy(g) —>
Complete and balance the equation for each of the
following combination reactions.

(a) Na(s) + Oy(g) —>

(b) Al(s) + Cly(g) —>

(c) Cas) + Fy(g) —
Complete and balance the equations for each of the
following single-displacement reactions.

(a) Zn(s) + AgNO;(ag) —>

heat

(b) Na(s) + FeCly(s) —>
Complete and balance each of the following single-
displacement reactions.

(a) Al(s) + CuSOylaq) —>

(b) Cs(s) + H,O()) —>
Zinc metal reacts with a solution of tin(II) chloride in a
single-displacement reaction. Write a balanced equation to
describe this reaction.
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5.65
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5.71

5.72

5.73

5.74
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Iron metal reacts with a solution of copper(Il) sulfate in a
single-displacement reaction. Write a balanced equation to
describe this reaction.

Consider the following metals. Determine which will
react with water and which will react with a solution of
hydrochloric acid. Write balanced equations to describe
any reactions that occur.

(a) Ca (b) Fe (¢) Cu
Consider the following metals. Determine which will
react with water and which will react with a solution of
hydrochloric acid. Write balanced equations to describe
any reactions that occur.

(a) Cr (b) Bi (c) K
Which of the following single-displacement reactions will
actually occur if the indicated reactants are mixed?

(a) 3Mg(s) + 2AICl3(aq) —> 3MgCly(aq) + 2Al(s)

(b) Zn(s) + MgCl,(aq) —> ZnCl,(aq) + Mg(s)

(¢) Cu(s) + Pb(NO),(ag) —> Cu(NO;),(ag) + Pb(s)
(d) Ni(s) + 2AgNOs(ag) —> Ni(NO;),(ag) + 2Ag(s)
Which of the following single-displacement reactions will

actually occur if the indicated reactants are mixed?

(a) Ni(s) + FeCly(ag) —> NiCl,(aq) + Fe(s)

(b) 2Al(s) + 3NiCly(ag) —> 2AICl;5(aq) + 3Ni(s)

(c) Fe(s) + CuCly(ag) —> FeCly(ag) + Cu(s)

(d) 3Sn(s) + 2AICl;(aqg) —> 3SnCly(aq) + 2Al(s)
Which of the following ionic compounds would be
expected to be soluble in water?

(a) CuCl,

(b) AgNO;

(c) PbCl,

(d) Cu(OH),

Which of the following ionic compounds would be
expected to be insoluble when mixed with water?

(a) Cr,S;

(b) Ca(OH),

(c) BaSO,

(d) (NH,),CO,

Write a balanced equation to describe any precipitation
reaction that should occur when the following substances
are mixed.

(a) K,COs(aq) and BaCl,(aq)

(b) CaS(ag) and Hg(NO;),(aq)

(¢) Pb(NOs),(aq) and K,SO4(aq)

Write a balanced equation to describe any precipitation
reaction that should occur when the following substances
are mixed.

(a) MgSO,(ag) and BaCl,(aq)

(b) K,S0,(ag) and MgCl,(aq)

(¢) MgCly(ag) and Pb(NO),(aq)

Complete and balance the equation for each of the
following double-displacement reactions.

(a) CaCOs(s) + H,SOy(aqg) —>

(b) SnCly(ag) + AgNOs(ag) —>
Complete and balance the equation for each of the
following double-displacement reactions.

(a) NaOH(agq) + CuCly(aq) —>

(b) H,S0,(aq) + KOH(ag) ——>
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Aqueous solutions of sodium sulfate and lead(Il) nitrate
are mixed and a white solid forms. Identify the solid.
Aqueous solutions of mercury(I) nitrate and calcium
iodide are mixed and a yellow solid forms. Identify the
solid.

Aqueous calcium chloride reacts with aqueous potassium
carbonate in a double-displacement reaction. Write a
balanced equation to describe this reaction.

Aqueous ammonium chromate reacts with aqueous
lead(II) nitrate in a double-displacement reaction. Write a
balanced equation to describe this reaction.

Consider the following double-displacement reactions.
For each, identify the driving force that causes the
reaction to go to completion.
(@) Hg(NO3),(aq) + H,S(aq) —>
HgS(s) + 2HNOs(aq)
(b) MnS(s) + 2HCl(aq) ——> MnCl,(aq) + H,S(g)
(¢) Ba(OH)y(aq) + H,SOy(aq) —>
BaSO,(s) + 2H,0())
Consider the following double-displacement reactions.
For each, identify the driving force that causes the
reaction to go to completion.
(2) ALOs(s) + 3H,8O04(aq) —>
Aly(SO4)5(aq) + 3H,0()
(b) CaCOs(s) + H,SOy(ag) —>
CaSO,(s) + H,O(l) + CO,(g)
(c) BaCly(aq) + Na,SO4(aq) —>
BaSO,(s) + 2NaCl(aq)
Write a balanced equation to describe any acid-base
neutralization reaction that might occur when the
following substances are mixed.
(a) H,S(ag) and Cu(OH)(s)
(b) CH4(g) and NaOH(aq)
(c) KHSO,(ag) and KOH(aq)
Write a balanced equation to describe any acid-base
neutralization reaction that might occur when the
following substances are mixed.
(a) Hy(g) and KOH(agq)
(b) H;PO,(aq) and NaOH(aq)
(¢) H,SO4(aq) and Fe(OH)(s)
What substance is always a reactant in a combustion
reaction?
What are the usual products when a hydrocarbon, or a
hydrocarbon containing oxygen, react in a combustion
reaction?
Write a formula for the product of the combustion
reaction of the following elements with molecular oxygen.
(a) Cs (b) Pb (c) Al (d) H, (e) C
Write a formula for the product of the combustion
reaction of the following elements with molecular oxygen.
@Mg ®F @©L @S (N,
Write formulas for the products of the reactions of the
following compounds with molecular oxygen.
(a) CH,
(b) CO
(c) Al
(d) CH;0H



5.88  Write formulas for the products of the reactions of the
following compounds with molecular oxygen.
(a) Li
(b) S
(c) C,Hs
(d) CH;CO,H

Representing Reactions in Aqueous Solution

5.89
5.90

Distinguish between an electrolyte and a nonelectrolyte.

Describe an experimental method for determining whether
a solid is an electrolyte or a nonelectrolyte.

5.91 Indicate whether each of the following substances is an
electrolyte or a nonelectrolyte.
(a) NaOH(agq)
(b) HCl(aq)
(c) C,H,,0,,(ag) (sucrose solution)
5.92 Indicate whether each of the following substances is an
electrolyte or a nonelectrolyte.
(a) CH;CH,0OH(aq)
(b) HyO()
(¢) NaCl(aq)
5.93 Consider the following molecular-level diagram of a
solution of a compound in water. Is this substance an
electrolyte or a nonelectrolyte?

& »

o
<

5.94  Consider the following molecular-level diagram of a
solution of a compound in water. Is this substance an
electrolyte or a nonelectrolyte?

5.95 Indicate whether aqueous solutions of the following
substances contain ions. If so, write formulas for the ions
in solution.

(a) C4H;,O4 (glucose)

(b) CH,4

(c) NaCl
Indicate whether aqueous solutions of the following
substances contain ions. If so, write formulas for the ions
in solution.

(@ L

(b) KI

(c) CH;0H
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Distinguish between a molecular, an ionic, and a net ionic
equation.

Why is it necessary to identify a substance as an
electrolyte or a nonelectrolyte when writing a net ionic
equation?

What are spectator ions?

In which type of equation—molecular, ionic, or net
ionic—do we find spectator ions?

Add the physical state for each substance in the following
aqueous reactions. Then write and balance a net ionic
equation for each reaction.

(a) NaCl + Ag,SO, —> Na,SO, + AgCl

(b) Cu(OH), + HCl —— CuCl, + H,0

(c) BaCl, + Ag,SO, —> BaSO, + AgCl
Add the physical state for each substance in the following
aqueous reactions. Then write and balance a net ionic
equation for each reaction.

(a) Cry(SO,); + KOH ——> Cr(OH); + K,SO,

(b) K,CrO, + PbCl, —> KCl + PbCrO,

(c) Na,SO; + H,SO, —> Na,SO, + H,0 + SO,
When aqueous solutions of sodium carbonate and calcium
bromide mix, a white solid forms.

(a) Identify the solid.

(b) Write a balanced molecular equation for the reaction.

(c) Write a balanced ionic equation for the reaction.

(d) Identify any spectator ions in the reaction.

(e) Write a balanced net ionic equation for the reaction.
When aqueous solutions of potassium chromate and
barium chloride mix, a yellow solid forms.

(a) Identify the solid.

(b) Write a balanced molecular equation for the reaction.

(c) Write a balanced ionic equation for the reaction.

(d) Identify any spectator ions in the reaction.

(e) Write a balanced net ionic equation for the reaction.
Aqueous calcium chloride reacts with aqueous silver
nitrate to form a precipitate of silver chloride and a
solution of calcium nitrate. Write a net ionic equation for
this reaction.

Aqueous chromium(III) sulfate reacts with aqueous
sodium hydroxide to form a precipitate of chromium(III)
hydroxide and a solution of sodium sulfate. Write a net
ionic equation for this reaction.

Consider the following molecular-level diagram for the
reaction between Na and H,O in aqueous solution. Write a
net ionic equation for this reaction.
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5.108 Consider the following molecular-level diagram for the
reaction between Cu and AgNOj; in aqueous solution.
Write a net ionic equation for this reaction.

5.109 Write balanced molecular and net ionic equations for the
following reactions in aqueous solution.
(a) copper + silver nitrate —>
copper(Il) nitrate + silver
(b) iron(Il) oxide + hydrochloric acid ——>
iron(Il) chloride + water
5.110 Write balanced molecular and net ionic equations for the
following reactions in aqueous solution.
(a) calcium + water —>
calcium hydroxide + hydrogen
(b) barium chloride + sodium sulfate —>
barium sulfate + sodium chloride

5.111 Predict whether reactions should occur between aqueous
solutions of the following compounds. If so, write
balanced molecular and net ionic equations for the
reactions. Include physical states.
(a) Sr(NOs), and H,SO,
(b) Zn(NOs), and Na,SO,
(c) CuSO, and BaS
(d) NaHCO; and CH;CO,H
5.112 Predict whether reactions should occur between aqueous
solutions of the following compounds. If so, write
balanced molecular and net ionic equations for the
reactions. Include physical states.
(a) (NH,4),CO; and CrCl,
(b) Ba(OH), and HC1
(c) FeCl; and NaOH
(d) Ca(HCO3), and HNO;

Additional Questions

5.113 Bismuth selenide (Bi,Ses) is used in semiconductor
research. It can be prepared directly from its elements.

2Bi + 3Se —> Bi,Se;
Classify the reaction as decomposition, combination,

single-displacement, double-displacement, or combustion.

5.114 Heating causes the copper mineral malachite,
CuCO;Cu(OH),, to decompose. Write a balanced
equation for the reaction.

5.115

5.116

5.117
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5.122

5.123

5.124

5.125

Write a balanced equation to describe any precipitation
reaction that might occur when the following substances
are mixed.

(a) ZnSO,(aq) and Ba(NO;),(aq)

(b) Ca(NO;),(ag) and K5PO,(aq)

(¢) ZnSO4(aq) and BaCl,(aq)

(d) KOH(aq) and MgCl,(aq)

(e) CuSO,(aq) and BaS(aq)
Indicate whether each of the following substances reacts
with hydrochloric acid to form water.

(a) NaOH(aq)

(b) Zn(s)

(c) CaCOx(s)

(d) Cu(OH)y(s)
Sodium metal reacts with liquid water to form a solution
of sodium hydroxide and hydrogen gas. Potassium
reacts in a similar manner. Write a balanced equation to
represent the reaction of potassium with water.

The solid compounds NaCl and Cu(NOs), are added to a
beaker of water. Describe what happens. Include in your
description the identities of any substances that dissolve
and any substances that precipitate.

An aqueous solution contains silver nitrate. Which of the
following substances could be added to this solution to
precipitate the silver ions as silver chloride?

(a) Cly(g)

(b) NaCl(s)

(c) PbCly(s)

(d) CCly()
A solution contains the ionic compounds BaCl, and NaCl.
What ionic compound could be added that would remove
the barium ions from the solution but not introduce any
new kinds of ions?

Consider the following net ionic equation:
H'(ag) + OH (ag) —— H,0())

Make a list of three different sets of two chemical
compounds, each of which would result in this net ionic
equation when they are mixed.

A solution contains cobalt(I) chloride. Identify three
metals that could be placed in the solution to cause the
cobalt to be plated out as a metal.

What reaction, if any, occurs if a piece of copper metal is
placed in an aqueous solution containing iron(II) sulfate?
A solution contains both copper(Il) nitrate and lead(II)
nitrate. What substance could be added to the solution

to precipitate the lead(II) ions, but leave the copper(Il)
ions in solution? After removal of the lead(II) compound,
what could then be added to the solution to precipitate the
copper(Il) ions?

Draw molecular-level diagrams to show that a solution
of Kl is a strong electrolyte and that a solution of CO is a
nonelectrolyte.
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Write equations for reactions that could be used to release
each of the following elements from their compounds.

(@ O,

(b) H,

(©) CL
Identify a substance that could be used to release the
following metals from their compounds, using a different
substance for each metal.

(a) Cr

(b) Fe

(c) Al

(d) Pb
Suggest chemical reactions that could be used to identify
the contents of four unlabeled bottles containing solutions
of the following substances: CuSO,, Al,(SO,);, Pb(NO3),,
and FeSO,.

5.129
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Suggest chemical methods that would separate the
following ions or compounds from one another.

(a) Fe** and AI**

(b) Ba’ and Mg

(c) CI"and NO5~

(d) BaSO, and MgSO,
When copper metal is exposed to the atmosphere over a
long period of time, it takes on a green patina (a coating of
copper compounds). The green color of copper roofs and
the Statue of Liberty are examples. Initially the copper
metal reacts with oxygen gas. The product of this reaction
reacts in part with water vapor and in part with carbon
dioxide in the air. Predict the products and write balanced
equations for the three reactions.
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magine the car you will drive five years from now. What will power it? Will it be
gasoline? Ethanol? An electric battery? Hydrogen?

Gasoline, a form of petroleum, has been used to power the petroleum-fuel
internal-combustion engine (ICE) of automobiles since their invention in the 1860s.
Despite steady improvements to the ICE, today’s ICE vehicles are only 20% to
25% efficient. This means that 75% to 80% of the energy in gasoline is wasted.
This is not the only disadvantage. The combustion of gasoline in the ICE releases
pollutants into the atmosphere, and our reliance on gasoline for transportation
places a heavy demand on a limited—and rapidly dwindling—natural resource.
Although the auto industry has found ways to significantly reduce many toxic gas
emissions, the nontoxic carbon dioxide that is released instead is a major factor
in the warming of Earth. It is a contributor to the “greenhouse effect,” which may
be responsible for the recent increase of Earth’s average temperature (often called
“global warming”).

Because Lily is concerned about the environmental impacts of burning fuels,
she drives a car that runs on an alternative fuel, an ethanol blend called E-85. It is
85% ethanol (ethyl alcohol, an oxygen-containing fuel) and 15% gasoline. She
chose the car because ethanol is a cleaner-burning fuel than gasoline. She’s happy
that ethanol—unlike gasoline—is a renewable fuel. It can be made from the fermen-
tation of corn or any other carbohydrate. She’s proud that she bought her car for
about the same price as a gasoline-powered car, but she admits that E-85 isn’t always
easy to find at service stations.

Joel paid more for his battery-powered electric vehicle (EV), another alternative
to the ICE. Instead of filling up with gasoline, Joel recharges his car battery. His
engine is about 70% efficient, has fewer mechanical parts than an ICE, and gives off
no tailpipe emissions. However, the electricity that recharges Joel’s car battery
comes from a power plant that burns fossil fuel. The combustion process generates
carbon diox