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Preface

This textbook represents a significant revision of the fifth edition of Chemistry: Matter and
Its Changes by James E. Brady, Frederick Senese, and Neil D. Jespersen. A new title was
chosen to more closely reflect the increased emphasis that we have placed on the intimate
relationship that exists between structure at the submicroscopic molecular level and the
observable macroscopic properties of matter.

In this edition, it is our pleasure to have Neil Jespersen take on the role of lead author.
Neil is a respected educator and an award-winning teacher who has more than proven
himself in his role as a contributing author on the previous edition. We are fortunate to
have him take the helm, and we are confident in his ability to carry the text forward into
future editions. It is also our pleasure to welcome Alison Hyslop to the author team.
Alison is an inorganic chemist with more than 10 years of experience teaching graduate
and undergraduate inorganic chemistry as well as general chemistry. She brings to the
team a commitment to excellence in teaching and an understanding of issues that stand in
the way of student learning. We are excited about her contributions to this new edition.

|Philosophy and Goals

The philosophy of the text is based on our conviction that a general chemistry course
serves a variety of goals in the education of a student. First, of course, it must provide a
sound foundation in the basic facts and concepts of chemistry upon which theoretical
models can be constructed. The general chemistry course should also give the student an
appreciation of the central role that chemistry plays among the sciences, as well as the
importance of chemistry in society and day-to-day living. In addition, it should enable the
student to develop skills in analytical thinking and problem solving. With these thoughts
in mind, our aim in structuring the text was to provide a logical progression of topics
arranged to provide the maximum flexibility for the teacher in organizing his or her course.
In revising this text, we were guided by three principal goals. The first was to
strengthen the connection between observations on the macroscopic scale and the behavior
of atoms, molecules, and ions at the atomic level. The second was to further enhance our
already robust approach to teaching problem-solving skills. The third goal was to provide
a seamless, total solution to the General Chemistry course by fully integrating the text-
book content with the online assessment and resources delivered within WileyPLUS.

Emphasizing the Molecular View of Matter

The value of the molecular approach in teaching chemistry is well accepted and has always
been a cornerstone in the approach taken by Professor Brady and his co-authors in presenting
chemistry to students. From his first text, in which novel three-dimensional computer-drawn
representations of molecules and crystal structures were presented and observed using stereo-
scopic viewers, up through the 5th edition of this text, the atomic/molecular view has domi-
nated the pedagogy. This new edition builds on that tradition by employing the “molecular
basis of chemistry” as a powerful central theme of the text. Through this approach, the student
will gain a sound appreciation of the nature of matter and how structure determines proper-
ties. Some actions we have taken to accomplish this are as follows:

® Chapter One: Chemistry and the Atomic/Molecular View of Matter The new
edition begins with a new chapter (chapter one) that sets the tone for the entire book.
It lays the groundwork for the atomic and molecular view of matter and outlines how
these concepts are used throughout the text. Included is a discussion of what chemis-
try is and the kinds of activities that chemists participate in. We provide a brief
introduction to atomic structure and introduce students to the way we visualize
molecules and chemical reactions.

Xix
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xx |

Figure 5.1 | Formation of a
solution of iodine molecules in
alcohol. () A crystal of iodine, 12,
on its way to the bottom of the
beaker is already beginning to
dissolve, the purplish fodine crystal
forming a reddish brown solution.
In the hugely enlarged view
beneath the photo, we see the
iodine molecules still bound in a
crystal. For simplicity; the solute
and solvent particles are shown as
spheres. (&) Stirring the mixture
helps the iodine molecules to
disperse in the solvent, as illustrated
in the molecular view below the
photo. The solution is commonly
called “tincture of iodine.”
(Richard Megnal Fundamental
Photographs)

A solution. Solute molecules
are dispersed throughout
the solvent

Crystal of solute placed
in the solvent.

m New Visual Exercises

= Macro-to-Micro Illustrations To help students
make the connection between the macroscopic world
we see and events that take place at the molecular
level, we have a substantial number of illustrations
that combine both views. A photograph, for example,
will show a chemical reaction as well as an artist’s
rendition of the chemical interpretation of what is
taking place between the atoms, molecules, or ions
involved. We have also increased the number of
illustrations that visualize reactions at the molecular
level. The goal is to show how models of nature
enable chemists to better understand their observa-
tions and to get students to visualize events at the
molecular level.

® Molecular Interpretations Significant use is made
of molecular interpretations, and substantial rewriting
of the chapter material has taken place. Where

required, new figures have been drawn to provide visual

meaning to accompanying discussions.

In the end-of-chapter Questions and Problems, we include

exercises that have a visual component requiring students to apply molecular concepts
developed in the chapter discussions.

| Developing Problem-solving Skills

We strongly believe that problem solving reinforces the learning of concepts and that
assisting students in improving their skills in this area is one of the critical aspects of teach-
ing chemistry. We also believe that it is possible to accommodate students who come into
the course with a wide range of problem-solving skills. This is reflected in the attention
paid to problem solving in the 6th Edition. In this new edition we have expanded and
further refined the tools that students have available to develop their ability to analyze and

solve problems.

® We continue to use a “chemical tools” model and approach to aid in teaching
problem analysis. This approach encourages students to think of basic skills, such as
converting between grams and moles, as tools that can be combined in various ways
to solve more complex problems. Students and instructors have responded positively
to this concept in earlier editions and we continue to employ this strategy in

oLs
ﬁ Tools for Problem Solving The following tools were introduced in this chapter. Study them carefully

50 you can select the appropriate tool when needed.

Criteria for a balanced ionic ionic equation (page 164)

To be balanced, an equation that includes the formulas of ions must satisfy the following two criteria: (1) the number of atoms
of each kind must be the same on both sides of the equation, and (2) the net electrical charge shown on each side of the equation
must be the same.

lonization of an acid in water (page 165)
Equation 5.2 describes how an acid reacts with water to form hydronium ion plus an anion.

HA + H,0—— H,0" + 4
Use this tool to write equations for the ionizations of acids and to determine the formulas of the anions formed when the acid
molecules lose H*. The equation also applies to acid anions such as HSO,~, which gives SO,>~ when it loses an H*. Often H,O is
omitted from the equation and the hydronium ion is abbreviated as H*.

lonization of a molecular hase in water (page 165)
Equation 5.3 describes how molecules of a molecular base acquire H* from H,0 to form a cation plus a hydroxide ion.
B+ H,0 — BH* + OH~
Use this tool to write equations for the ionizations of bases and to determine the formula of the cation formed when a base mol-
ccule gains an H*. Molecular bases are weak and are not completely ionized.

List of strong acids (page 170)
Formulas of the most common strong acids are given here. If you learn this list and encounter an acid that’s not on the list, you
can assume it is a weak acid. The most common strong acids are HCI, HNOs, and H,SOy. Remember that strong acids are com-

problem analysis. Tools are identified

by an icon in the margin when they are
introduced in a chapter and the tools are
summarized at the end of each chapter.

OLsS



m A significant strength of the 5th edition was the three-step process of Analysis,
Solution, and asking Is the Answer Reasonable?, which was applied to all worked
examples. We have now expanded this to include a fourth step called Assembling the
Tools, which appears just following the Analysis step. Now, after analyzing the
problem and defining the approach to obtain an answer, we describe specifically the
tools that will be used in the So/ution step that comes next. This reinforces the notion
that tools can be combined in various ways to solve more complex problems

~
Example 5.3

Writing Equations for lonization Reactions of Acids
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N

osphoric acid, , is a triprotic acid found in some soft drinks such as Coca-Cola
Phosph d, H;POy ¢ s d found ft drinks such as Coca-Col
(shown in the photo at the start of this chapter) where it adds a touch of tartness to the
beverage. Write equations for its stepwise ionization in water.

= Analysis: We are told that H;POy is a triprotic acid, which is also indicated by the three
hydrogens at the beginning of the formula. Because there are three hydrogens to come off
the molecule, we expect there to be three steps in the ionization. Each step removes one
H*, and we can use that knowledge to deduce the formulas of the products. Let’s line
them up so we can see the progression.

H,PO, —*— H,P0,” — 1 HPO 2 —H PO/

Notice that the loss of H™ decreases the number of hydrogens by one and increases the
negative charge by one unit. Also, the product of one step serves as the reactant in the next
step.

= Assembling the Tools: We'll use Equation 5.2 for the ionization of an acid as a tool in
writing the chemical equation for each step.
= Solution: The first step is the reaction of H;PO, with water to give H;O* and H,PO,4~.
H;PO(ag) + H,O —— H;07(ag) + H,PO, (a9)

The second and third steps are similar to the first.

H,PO; (ag) + H,O —— H;0%(ag) + HPO (aq)

HPO,* (ag) + H,O —— H;0%(ag) + PO (aq)
u s the Answer Reasonable? Check to see whether the equations are balanced in terms
of atoms and charge. If any mistakes were made, something would be out of balance and

we would discover the error. In this case, all of the equations are balanced, so we can feel
confident we've written them correctly. ' g

m We continue to provide Practice Exercises
following the worked examples that give the
student an opportunity to apply the prin-
ciples used to solve the preceding example.
These have been thoroughly reviewed and in
some cases expanded. The answers to all of

5.3 | When solutions of (NH,),SO; and Ba(NO3), are mixed, a precipitate of BaSOj
forms, leaving soluble NH,NOj in the solution. Write the molecular, ionic, and net ionic
equations for the reaction. (Hint: Remember that polyatomic ions do not break apart
when ionic compounds dissolve in water.)

5.4 | Write molecular, ionic, and net ionic equations for the reaction of aqueous solutions
of cadmium chloride and sodium sulfide to give a precipitate of cadmium sulfide and a
solution of sodium chloride.

Practice Exercises

the Practice Exercises are available to the student in Appendix B at the

back of the book.

® The end-of-chapter Questions and Problems have undergone a rework-

ing to ensure that they provide a range of difficulty, from routine drill-type
problems to significantly more difficult ones. We have added a significant
number of “visual” problems that include graphs or molecular structures

that need to be explained or manipu-
lated. Many problems require students
to draw on knowledge acquired in earlier
chapters. For example, in many of the
problems in Chapter 4 and beyond, the
chemical name of a compound in
question is given rather than the
formula, so students must apply

(and review if necessary) the rules of
nomenclature presented in Chapter 3.

5.23

On the basis of what you have learned so far in this
course, sketch the molecular structures of CH;NH, and
CH;3NH;* (the methylammonium ion).

A student was shown the structure of a molecule of propa- ")
noic acid (an organic acid similar to acetic acid) and was
asked to draw the structure of the ion formed when the
acid underwent ionization in water. Below is the structure

the student drew. What is wrong with the structure, and p

what would you do to correct it? J

ture of Acids and Bases

5.24 Would the molecule shown below be acidic or basic
in water? What would you do to the structure to show
what happens when the substance reacts with water?
‘Write an equation for the ionization of this compound
in water. (The compound is a weak electrolyte.)

239,
»

= J ne the following: (a) H,Se(g), (b) H,Se(aq)

ne, like chlorine, forms several acids. What are the
es of the following? (a) HIO,, (b) HIO;, (¢) HIO,
HIO, (e) HI
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® One of the main goals of chemistry instruction is to help students develop the
ability to solve problems that are more thought-provoking than typical review
problems. Recognizing that students often have difficulty with solving problems that
require application of several different concepts, we have introduced a new feature in
our teaching arsenal called Analyzing and Solving Multi-Concept Problems. These
problems are more difficult than those in a typical Worked Example and frequently

/

\

Analyzing and Solving Multi-Concept Problems

Milk of magnesia is a suspension of Mg(OH), in water. It
can be made by adding a base to a solution containing Mg”*.
Suppose that 40.0 mL of 0.200 M NaOH solution is added
0 25.0 mL of 0.300 M MgCl, solution. What mass of
Mg(OH), will be formed, and what will be the concentra-
tions of the ions in the solution after the reaction is complete?

u Analysis: Our goal here is to break the problem down into
parts that we already know how to solve. The approach is
to read the problem carefully and extract from it the various
pieces to the puzzle.

First, we're dealing with the stoichiometry of a chemical
reaction, so we know we're going to need a balanced chemical
equation. We will also need to determine the concentrations
of ions, so we will have to be prepared to write an ionic equa-
tion, or at least to take into account the dissociation of each
solute. These are things you know how to do, so we have that
figured out.

Notice that we've been
given the volume and mo-
larity for both solutions.
By now, you should real-
ize that volume and mo-
larity give us moles, so in
effect we have been given
the number of moles of two

Creamy milk of magnesia is an reactants. This means we
aqueous suspension of magne- have a limiting reactant
sium hydroxide. (Robert Capece) problem. You learned how

1

to solve this kind of problem in Chapter 4, so working this
part of the problem isn't anything new.

The problem also asks for the concentrations of the ions
in the final mixture. The easiest way to find the answers
here is to determine the number of moles of each of the
ions present before and after the reaction, and then di-
vide the latter by the total final volume of solution to
calculate the molar concentrations. Because this is an
ionic reaction, two of the ions will be reactants. One will
be completely used up, but some of the other will be left
over, and we will have to calculate how much. The other two
ions are spectator ions and their amounts will not change.

At this point, we have a broad outline of what we have to do.
To further clarify our thinking, let’s refine and summarize each
part so we can select appropriate tools to accomplish our tasks.

Part 1: Write a balanced molecular equation and then con-
vert it to an ionic equation. (This comes first because all
the rest of the reasoning is based on the equation.)

Part 2: Calculate the number of moles of each ion pres-
ent before reaction, determine the limiting reactant, and
then use it to calculate the moles and grams of Mg(OH),
formed.

Part 3: We already know the moles of the spectator ions
from Part 2, but we have to calculate the moles of unre-
acted Mg?" or OH ™. We also need to determine the total
volume of the mixture and then calculate the molarities of
the ions.

require the use of concepts presented in more
than one chapter. Students must combine two or
more concepts before reaching a solution, and
they must reduce a complex problem into a sum
of simpler parts. Problems of this type first
appear in Chapter 5 after students have had a
chance to work on basic problem skills and after
sufficient concepts have been introduced in
earlier chapters to make such problems mean-
ingful. Analyzing and Solving Multi-Concept
Problems addresses instructor frustration and
students’ deficiencies in problem solving by
teaching students how to de-construct prob-
lemsand emphasize the thinking that goes
into solving problems.

® The end-of-chapter Problems are categorized
to assist instructors in selecting homework.
They range in difficulty and include critical
thinking and multi-concept
problems.

= Assembling the Tools We need to set up a metathesis equation and balance it. We follow the
procedure developed earlier, making use of the solubility rules.

= Solution
The balanced molecular equation for the reaction is

MgCl,(ag) + 2NaOH(ag) —— Mg(OH),(s) + 2NaCl(ag)
from which we construct the ionic and net ionic equations.
Mg**(ag) + 2CI~(ag)+ 2Na*(aq) + 20H " (ag) — Mg(OH),(s) + 2Na*(ag) + 2Cl~(aq)
Mg**(ag) + 20H" (ag) —— Mg(OH),(s)

These are the equations we will use in Part 2.

= Assembling the Tools For each reactant solution,
molarity X volume(L) = moles of solute

The chemical formulas of the reactants will be used to find the number of moles of each ion prior
to reaction. The method of finding the limiting reactant developed in Chapter 4 will be applied.
A tool we will use is the set of coefficients in the equation, which relates moles of the reactants
and product. The molar mass tool will be used to convert moles of Mg(OH), to grams.

58.31 g Mg(OH), = 1 mol Mg(OH),

u Solution Let’s begin by determining the number of moles of NaOH and MgCl, supplied by
the volumes of their solutions. The conversion factors are taken from their molarities: 0.200 M
NaOH and 0.300 M MgCl,.

0.0400 WXW:&OOXIO’} mol NaOH
B sol

0.300 mol MgCl,

1.00 L MgChssoln.

L

0.0250 L MgChy soln x =7.50x10* mol MgCl,

From this information, we obtain the number

m Following groups of
approximately three or four
chapters we include problem
sets titled Bringing it
Together that consist mostly
of problems that require
students to apply concepts
developed in two or more of
the preceding chapters.
Problems have been selected
to provide a range of
difficulties so as to challenge
students of varying levels of
achievement.

= Are the Answers Reasonable? All the reasoning we've done seems to be correct, which is

reassuring. For the amount of Mg(OH), that forms, 0.001 mol would weigh approximately
0.06 g, s0 0.004 mol would weigh 0.24 g. Our answer, 0.233 g Mg(OH),, is reasonable. The
final concentrations of the spectator ions are lower than the initial concentrations, so that makes

sense, to0o, because of the dilution effect.




|Reinforcing Problem-solving Skills
and Student Comprehension
with WileyPLUS

' “@  We have strived to provide a seamless, total solution to the challenges of the
P L U s general chemistry course with this edition, fully combining the develop-
ment of the textbook content with the media and resources delivered within
WileyPLUS, an innovative, research-based online environment designed for both effective
teaching and learning. WileyPLUS for Chemistry: The Molecular Nature of Matter,
Sixth Edition provides depth and breadth of assessment that is fully integrated with the
learning content. The author team has carefully crafted the assessment content in Wiley-
PLUS to directly correlate to the printed text ... creating a synergy between text and online
resources in WileyPLUS.

WileyPLUS was designed to facilitate dynamic learning and retention of learned con-
cepts by promoting conceptual understanding and visualization of chemical phenomena
at the undergraduate level. Assessment in WileyPLUS is offered in four unique question
banks: practice questions, end-of-chapter questions, test bank, and concept mastery
assignments. All assessment questions offer immediate feedback and online grading along
with varying levels of question assistance.

Research-Based Design

WileyPLUS provides an online environment that integrates relevant resources, including
the entire digital textbook, in an easy-to-navigate framework. The design of WileyPLUS
makes it easy for students to know what it is they need to do, boosting their confidence
and preparing them for greater engagement in class and lab. Concept Modules, Activities,
Self Study and Progress Checks in WileyPLUS will ensure that students know how to
study effectively so they will remain

engaged and stay on task.
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® In WileyPLUS, all Analyzing e e 8 T |

Multlple Concept Problems To what velume must 33,4 mL of 150 M 4,50, be diuied to produte 4,57 M #,50,7
are complemented by an Office '
Hours video, which is a video
in which an instructor narrates
the problem solving steps as the
student watches those steps
executed in a white board
environment, and a Guided
Online Tutorial, which is an o= R e e
interactive version of the
problem presented. In the
Guided Online Tutorial, the
student has an opportunity to

work through a version of the e et T e
problem themselves, and
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is provided with feedback on
each part of the answer they submit.
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Student Assessment and Concept Mastery

An important part of teaching is student assessment. The prebuilt Concept Mastery

assignments in WileyPLUS http://www.wiley.com/college/sc/jespersen facilitate dynamic
learning and retention of learned con-

cepts by promoting conceptual under-
standing and visualization of chemical

VISIIAL THTWE BFTE BFACTITING T /88T

[] Concep! Mastery .
Problem phenomena. Concept Mastery assign-
w g " ments have multiple levels of parameter-
ke . g / ization and test key concepts from mul-
—f o I . . . . .
tooso v m 8 tiple points of view (visual, symbolic,
- &% & O 8 o o o
graphical, quantitative). Each student
Qo8 0 00 - - L - | - w LE] o o . d
JN . - - A AR e receives a unique assignment and must
2 s e e I o T 1 - achieve a default mastery threshold to
- receive full points for the assignment.
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Instructor Resources

WileyPLUS provides reliable, customizable resources that reinforce course goals inside
and outside the classroom as well as visibility into individual student progress. Pre-created
materials and activities help instructors optimize their time:

Customizable Course Plan: WileyPLUS comes with a pre-created Course Plan
designed by a subject matter expert uniquely for this course. Simple drag-and-drop
tools make it easy to assign the course plan as is or modify it to reflect your course

syllabus.

Pre-created Activity Types Include:
m Questions
® Readings and resources
m Concept Mastery

Course Materials and Assessment Content:
m PowerPoint Slides
® Classroom Response System (Clicker) Questions
® [nstructor’s Manuals
m Assessment consisting of Gradable Practice Questions (embedded with
online text)
® Question Assignments
m End-of-chapter problems coded algorithmically with hints
m Links to text
® Instructor-controlled problem-solving help
®m Prebuilt Concept Mastery Assignments
m Test Bank

For more information about WileyPLUS go to www.wileyplus.com.


http://www.wiley.com/college/sc/jespersen
www.wileyplus.com

|Significant Changes in the

6th Edition

As noted earlier, our mission in developing this revision was to sharpen the focus of the
text as it relates to the relationship between behavior at the molecular level and properties

observed at the macroscopic level.

As much as possible, chapters are written to stand alone as instructional units, enabling
instructors to modify the chapter sequence to suit the specific needs of their students. For
example, if an instructor wishes to cover the chapter dealing with the properties of gases
(Chapter 11) early in the course, they can easily do so. While we believe this chapter fits
best in sequence with the chapters dealing with the other states of matter, we realize that
there are other valid organizational preferences and the chapter has been written to accom-

modate them.

Some of the more significant changes to the organization are the following:

®m Special topics consisting of short essays are
spread throughout the book. Those titled Chemis-
try Outside the Classroom and Chemistry and
Current Affairs provide descriptions of real-
world, practical applications of chemistry to
industry, medicine, and the environment. Essays
titled On the Cutting Edge serve to highlight
chemical phenomena that are of current research
interest and that have potential practical applica-
tions in the future. A list of these special topics
appears at the end of the Table of Contents.

CHEMISTRY OUTSIDE THE CLASSROOM ‘ 5 . 1

Painful Precipitates—Kidney Stones

Each year, more than a million people in the United States are hos-
pitalized because of very painful kidney stone attacks. Kidney stone
is a hard mass developed from crystals that separate from the urine
and build up on the inner surfaces of the kidney. The formation of
the stones is caused primarily by the buildup of Ca?*, C,0,2, and
PO, ions in the urine. When the concentrations of these ions be-
come large enough, the urine becomes supersaturated with respect to
calcium oxalate and/or calcium phosphate and precipitates begin to
form (70% to 80% of all kidney stones are made up of calcium oxalate
and phosphate). If the crystals remain tiny enough, they can travel
through the urinary tract and pass out of the body in the urine without
being noticed. Sometimes, however, they continue to grow without

being passed and can cause in-
tense pain if they become stuck
in the urinary tract.

Kidney stones don’t all look
alike. Their color depends on
what substances are mixed with
the inorganic precipitates (e.g.,
proteins or blood). Most are yel-
low or brown, as seen in the ac-
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A calcium oxalate kidney stone.
Kidney stones such as this can be
extremely painful. (Custom Medical
Stock Photo, Inc.)

companying photo, but they can be tan, gold, or even black. Stones
can be round, jagged, or even have branches. They vary in size from
mere specks to pebbles to stones as big as golf balls!

m Chapter 1 is entirely new and sets the tone for the rest of the text. It provides an
introduction to the atomic theory and the concepts of atoms, molecules, elements,
and compounds. A clear connection is made between observations at the macroscopic
level and their interpretation at the molecular level. We introduce chemical symbols
and their use in representing atoms of elements. Ball-and-stick and space-filling
representations of molecules are introduced, and students are taught to associate
molecular structures with chemical formulas. The concepts of chemical reactions and
chemical equations are presented and described by drawings of molecules and
through the use of chemical symbols. The laws of definite proportions, conservation
of mass, and multiple proportions are described and interpreted in molecular terms.
All of this is done clearly and prepares students for the more in-depth treatments of
these subjects in the chapters that follow. End-of-chapter exercises include concept
questions that ask students to describe and interpret molecular structures and

chemical changes.

m Chapter 2 is devoted to measurements and their units. The importance of quantita-
tive measurements with respect to physical properties is introduced along with the
concepts of intensive and extensive properties. The uncertainty of measurements is
described. Significant figures are developed to provide the student with a logical
method for assessing data. Finally, the method of dimensional analysis is discussed
and applied to familiar calculations to develop confidence at an early stage. Color-
coded cancellations are used to help the student understand the process.

® Chapter 3 provides students with their first exploration of the internal structures of
atoms. We now include the history of the discovery of subatomic particles within the
body of the chapter. We continue to divide chemical nomenclature into sections that
deal separately with molecular and ionic compounds. From experience, we have
found that students are able to digest these topics more easily when presented in
manageable chunks. To drive home the importance of chemical nomenclature,
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students are required to construct formulas from names in homework problems in
later chapters.

m Chapter 4 covers the mole concept and stoichiometry. The discussions have been
carefully revised where necessary, with molecular diagrams being used to relate
stoichiometric principles on the molecular level to mole-sized quantities. Dimensional
analysis with color-coded cancel marks is used rigorously for all examples.

m Chapter 5 focuses on ionic reactions in aqueous solutions and includes additional
molecular diagrams depicting solution formation and solution concentration as well
as in exercises. Molarity is introduced and used in stoichiometry calculations involv-
ing solutions. In this chapter we introduce students to our new feature, Analyzing and
Solving Multi-Concept Problems.

m Chapter 6 deals with redox reactions and includes a revised set of rules for assigning
oxidation numbers. The change is aimed at making it easier for the student to apply
the rules. Illustrations for a variety of oxidation-reduction processes have changed to
include molecular diagrams illustrating the changes that take place at the atomic scale.

m Chapter 7 covers thermochemistry and has been carefully revised with the addition
of more illustrations. The manner in which potential energy changes are illustrated
has been modified to increase clarity.

® Chapter 8 is a logical extension of Chapter 3 in our discussion of how our under-
standing of the atom has developed. The fundamentals of the quantum mechanical
atom are introduced to the extent that the material is relevant to the remainder of the
text. The discussion has been updated with some tweaking to improve clarity along
with some additional illustrations.

® Chapter 9, the first of two chapters dealing with chemical bonding, now includes a
more thorough discussion of lattice energy and its influence on the formation of ionic
compounds. After the introduction of covalent bonding, we now include a separate
brief section devoted to some common kinds of organic compounds. These are
substances students encounter in discussions of physical and chemical properties in
later chapters. The section also serves as a brief introduction to organic chemistry for
students whose major requires only one semester of chemistry. For instructors who do
not wish to discuss organic compounds at this point in the course, the section is easily
skipped. Section 9.7 provides a discussion of the reducing properties of elements in
Groups 1A and 2A, and the oxidizing power of the nonmetallic elements. This
permits a timely discussion of the influence of electronegativity on chemical reactivity.

® Chapter 10, the second bonding chapter, now includes a discussion of the way the
algebraic signs of atomic orbitals determine the formation of bonding and antibond-
ing molecular orbitals. We also include a section on the bonding in solids as well as a
section that discusses the influence of atomic size on the ability of atoms to form pi
bonds. For the latter, we examine how multiple bond formation influences the
molecular structures of the elemental nonmetals.

® Chapter 11, which deals with the properties of gases, now includes a brief section
on the chemistry of the atmosphere and the concepts behind global energy transfer.
A section on modern pressure sensors and transducers has also been added.

m Chapter 12 covers intermolecular forces and their effects on physical properties of
liquids and solids. Some topics have been rearranged to give a more logical topic flow.
Calculations involving the Clausius-Clapeyron equation now appear in the main
body of the text, rather than as a special topic.



m Chapter 13 discusses the physical properties of solutions. Diagrams showing
Raoult’s law for non-ideal solutions have been added. We've also added a section on
heterogeneous mixtures that includes a discussion of colloids. The issue of potable
water provided by reverse osmosis has been added. The concept of incremental heats
of solution is introduced.

m Chapter 14 covers the kinetics of chemical reactions, including mechanisms, and
catalysis. The section on instantaneous rates of reactions has been expanded, and the
integrated zero order rate law has been added.

m Chapter 15 is the first of several chapters devoted to chemical equilibria. Changes
to this chapter have been relatively minor. We have concentrated on developing the
equilibrium concept at the molecular level and on polishing the worked examples to
make them more accessible to the student.

m Chapter 16, which examines acid-base chemistry theories, concludes with a treatment
of modern ceramic materials prepared by the sol-gel process. This discussion illustrates
how simple acid-base chemistry can be applied to the production of modern materials.

m Chapter 17 treats acid-base equilibria and calculations of pH in detail. Included are
detailed examples of pH calculations involving strong and weak acids and bases,
buffers and polyprotic acids. Interrelationships based on the Bronsted-Lowry theory
are developed. Titration curves, including polyprotic acid titrations, are discussed.
Use of simplifying assumptions is based on fundamental principles.

m Chapter 18, the final chapter on equilibria, deals with solubility and simultaneous
equilibria. This chapter continues the strong emphasis on solving equilibrium
problems developed in the previous chapters. We have included a section on qualita-
tive analysis of metal ions, and we continue to introduce complex ions in this chapter
because they participate in equilibria.

m Chapter 19 presents the fundamentals of thermodynamics and includes discussions
of the first, second, and third laws. Entropy and Gibbs free energy are introduced, and
examples using the concept of state functions are presented with detailed solutions. New
special topics on entropy and thermodynamics of sustainability are introduced.

® Chapter 20 discusses the two fundamental electrochemical processes: electrolysis,
and the use of galvanic (voltaic) cells to produce external electron flow. Unambiguous
electrochemical cells are always presented. Details of the relationships between AG®,
E¢ and K are presented with detailed examples.

® Chapter 21 discusses nuclear reactions and their applications. In this chapter,
we have incorporated current research on carbon-14 dating and included a new table
that summarizes the nuclear reactions.

m Chapter 22 is devoted entirely to the study of metal complexes. We have removed
from this chapter the material devoted to the nonmetals and metalloids that was
present in Chapter 21 of the 5th edition. Some of the topics have been distributed
into earlier chapters where it seemed to be appropriate.

® Chapter 23 provides an expanded discussion of organic chemistry. It has undergone
significant restructuring and rewriting, both to shorten the chapter and to take into
account the introduction to organic chemistry provided in Chapter 9.
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xxviii | Preface

|Teaching and Learning Resources

A comprehensive package of supplements has been created to assist both the teacher and
the student and includes the following:

For Students

Study Guide by Neil Jespersen of St. John’s University. This guide has been written to
further enhance the understanding of concepts. It is an invaluable tool for students
and contains chapter overviews, additional worked-out problems giving detailed steps
involved in solving them, alternate problem-solving approaches, as well as extensive
review exercises. (ISBN: 978-0-470-57772-1)

Solutions Manual by Duane Swank, of Pacific Lutheran University, with contributions
by Alison Hyslop of St. John’s University. The manual contains worked-out solutions for
text problems whose answers appear in Appendix B. (ISBN: 978-0-470-57773-8)

Laboratory Manual for Principles of General Chemistry, 9th Edition, by Jo Beran of
Texas A&M University, Kingsville. This comprehensive laboratory manual is for use in the
general chemistry course. This manual is known for its broad selection of topics and
experiments, and for its clear, user-friendly layout and design. Containing enough mate-
rial for two or three terms, this lab manual emphasizes techniques, helping students learn
the appropriate time and situation for their correct use. The accompanying Instructor’s
Manual presents the details of each experiment, including overviews, an instructor’s
lecture outline, and teaching hints. The Instructor’s Manual also contains answers to the
pre-laboratory assignment and laboratory questions. (ISBN: 978-0-470-64789-9)

For Instructors

Instructor’s Manual by Scott Kirkby of East Tennessee State University. In addition to
lecture outlines, alternate syllabi, and chapter overviews, this manual contains suggestions
for small group active-learning projects, class discussions, tips for first-time instructors,
class demonstrations, short writing projects, and contains relevant web links for each
chapter.

Test Bank by Donovan Dixon of the University of Central Florida and Justin Meyer of
South Dakota School of Mines and Technology. The Test Bank contains over 2000
questions including: multiple-choice, true-false, short answer questions, fill in the blank
questions, and critical thinking problems. PC- and Macintosh-compatible versions of the
entire test bank are available with full editing features to help the instructor customize tests.

Instructor’s Solutions Manual by Duane Swank, of Pacific Lutheran University, with
contributions by Alison Hyslop, of St. John’s University, contains worked-out solutions to
all end of chapter problems.

Digital Image Archive—Text web site includes downloadable files of text images in JPEG
format. Instructors may use these images to customize their presentations and to provide
additional visual support for quizzes and exams.

PowerPoint Lecture Slides by Elise Megehee, of St. John’s University, feature images
from the text on slides that are customizable to fit your course.

PowerPoint Slides with Text Images—PPT slides containing images, tables, and figures
from the text.

Personal Response Systems/“Clicker” Questions—A bank of questions is available for
anyone using personal response systems technology in their classroom.

All instructor supplements can be requested from your local Wiley sales representative.
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The girl listening to music on her iPod probably isn’t thinking much about chemistry,
but if it were not for the inventions made possible by chemical discoveries there
would be no music to fill her spare time. In this chapter you begin your study of a
science that affects your life every single day. As you progress through your chem-
istry course, we hope you enjoy learning about how the properties of atoms and

molecules affects the world in which you live. Granger Wootz/Getty Images, Inc.
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[ This Chapter in Context

It's quite likely that you have an iPod, just like the young woman shown in the photo

on the preceding page. This wonderful device is only one of a multitude of gadgets that

enrich our lives. But if it were not for the science of chemistry, almost
none of the materials used to make them, such as their plastic cases and
electronic components, would exist. Even clothing made from “natural”
fibers such as cotton or wool may be colored with synthetic dyes and
sewn together with thread made of synthetic fibers. Chemistry affects
our lives every day in countless ways, and one of our goals in this book is
to give you an appreciation for the significant role that chemistry plays
in modern society.

In this first chapter we present some fundamental concepts and def-
initions that we will use throughout the book. We also discuss how
the theory of atoms came about, how the concept of atoms is used to
describe chemical substances and chemical change, and how we will

Clothing in a dazzling array of colors is possible because represent atoms and their combinations visually in later discussions. If

of synthetic dyes discovered by chemists. you've had a prior course in chemistry, youre probably familiar with

(Getty Images, Inc.)

most of the topics that we cover here. Nevertheless, it is important to

be sure that you have a mastery of these subjects, because we will use them frequently in
the chapters ahead.

M In our discussions, we do not
assume that you have had a prior
course in chemistry. However, even if
some of the subjects discussed here
are familiar, we urge you to study
this chapter thoroughly, because the
concepts developed here will be used
in later chapters.

1.1|Chemistry and Its Place among
the Sciences

Chemistry' can be defined as the study of the composition, properties, and transformations of
matter. This includes all of the chemicals that make up the tangible things in our world. In
their studies, chemists seek answers to fundamental questions about how the composition
of a substance affects its properties. With such knowledge comes the possibility of design-
ing materials with specifically intended characteristics. Underlying all of this is a search
for knowledge about the way the structure of matter at the atomic level is related to the
behavior of substances that we observe through our senses.

Chemistry is particularly concerned with the way substances change, often dramatical-
ly, when they interact with each other in chemical reactions. By understanding such changes
at a fundamental level, chemists have been able to create materials never before found on
earth—materials with especially desirable properties that fulfill specific needs of society. For
example, synthetic plastics, ceramics, and metal alloys now permit engineers and architects to
build structures that would never have been possible using only naturally occurring materials.
Knowledge of fundamental aspects of chemical reactions has also enabled biologists to de-
velop a fundamental understanding of many of the processes taking place in living organisms.

Because of its broad scope, chemistry touches all of the sciences, which is why some
have called it the central science. In fact, the involvement of chemistry among the various
branches of science is reflected in the names of some of the divisions of the American Chemi-
cal Society, the largest scientific organization in the world (see Table 1.1). Although you may
not plan to be a chemist, some knowledge of chemistry will surely be valuable to you.

'Important terms are set in bold type to call them to your attention. Be sure you learn their meanings. If you
need to review them, they are also in the Glossary at the back of the book.
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Names of Some of the Divisions of the American
Table 1.1 . .
Chemical Society

Agricultural & Food Chemistry
Agrochemicals

Biochemical Technology
Biological Chemistry

Business Development & Management
Carbohydrate Chemistry
Cellulose, Paper & Textile
Chemical Health & Safety
Chemical Toxicology
Chemistry & the Law

Colloid & Surface Chemistry

Computers in Chemistry

Environmental Chemistry

Fertilizer & Soil Chemistry

Fuel Chemistry

Geochemistry

Industrial & Engineering Chemistry
Medicinal Chemistry

Nuclear Chemistry & Technology
Petroleum Chemistry

Polymer Chemistry

Polymeric Materials: Science & Engineering

Rubber

1.2|Laws and Theories:

The Scientific Method

You've probably spent some time playing video games, so you know that you learn a game
by trial and error. You try one thing and get shot down, so next time you try something
else. Gradually you get to know how to get through all the traps and can fight your way to
the finish. Your actions in game playing are not far removed from the way scientists

approach the study of the world around them.

Scientists are curious creatures who want to know what makes the world “tick.” The ap-
proach they take to their work is generally known as the scientific method. Basically it boils
down to gathering information and formulating explanations.

In the sciences, we usually gather information by performing ex-
periments in laboratories under controlled conditions so the observa-
tions we make are reproducible (Figure 1.1). An observation is a state-
ment that accurately describes something we see, hear, taste, feel, or
smell. The observations we make while performing experiments are

referred to as data.

Data gathered during an experiment often lead us to draw conclu-
sions. A conclusion is a statement that’s based on what we think about a
series of observations. For example, consider the following statements
about the fermentation of grape juice to make wine:

1. Before fermentation, grape juice is very sweet and contains no

alcohol.

2. After fermentation, the grape juice is no longer as sweet and it contains a great

deal of alcohol.

3. In fermentation, sugar is converted into alcohol.

Statements 1 and 2 are observations because they describe properties of the grape juice
that can be tasted and smelled. Statement 3 is a conclusion because it inzerprets the obser-

vations that are available.

M Roger Bacon, a thirteenth century
philosopher, is credited as the

first to suggest that experimental
observations must be the basis of
modern science.

Figure 1.1 | A research chemist
working in a modern laboratory.
Reproducible conditions in a

laboratory permit experiments to
yield reliable results.
(©AP/Wide World Photos)
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M The pressure of the gas is inversely
proportional to its volume, so the
smaller the volume, the larger the
pressure.

Empirical facts
(observations, data)

Scientific laws
(tested generalizations)

Hypothesis
(tentative explanation)

Theory
(tested explanation)

Figure 1.2 | The scientific
method is cyclical. Observations
suggest explanations, which suggest
new experiments, which suggest
new explanations, and so on.

B Many breakthrough discoveries in
science have come about by accident.

Experimental Observations and Scientific Laws

One of the goals of science is to organize facts so that relationships or generalizations
among the data can be established. For example, if we study the behavior of gases, such as
the air we breathe, we soon discover that the volume of a gas depends on a number of fac-
tors, including the amount of the gas, its temperature, and its pressure. The observations
we record relating these factors are our data.

One generalization we could make by studying data obtained from many experiments
performed using different temperatures and pressures is that when the temperature of the
gas is held constant, squeezing the gas into half of its original volume causes the pressure
of the gas to double. If we were to repeat our experiments many times with numerous
different gases, we would find that this generalization is uniformly applicable to all of
them. Such a broad generalization, based on the results of many experiments, is called a
law or scientific law.

We often express laws in the form of mathematical equations. For example, if we rep-
resent the pressure of a gas by the symbol P and its volume by V; the inverse relationship
between pressure and volume can be written as

where C'is a proportionality constant. (We will discuss gases and the laws relating to them
in greater detail in Chapter 11.)

Hypotheses and Theories: Models of Nature

As useful as they may be, laws only state what happens; they do not provide explanations.
Why, for example, are gases so easily compressed to a smaller volume? More specifically, what
must gases be like at the most basic, elementary level for them to behave as they do? Answering
such questions when they first arise is no simple task and requires much speculation. But
over time scientists build mental pictures, called theoretical models, that enable them to
explain observed laws.

In the development of a theoretical model, researchers form tentative explanations
called hypotheses (Figure 1.2). They then perform experiments that test predictions derived
from the model. Sometimes the results show that the model is wrong. When this happens,
the model must be abandoned or modified to account for the new data. Eventually, if the
model survives repeated testing, it achieves the status of a theory. A theory is a tested expla-
nation of the behavior of nature. Keep in mind, however, that it is impossible to perform
every test that might show a theory to be wrong, so we can never prove absolutely that a
theory is correct.

Science doesn’t always proceed in the orderly stepwise fashion described above. Luck
sometimes plays an important role. For example, in 1828 Frederick Wahler, a German
chemist, was testing one of his theories and obtained an unexpected material when he
heated a substance called ammonium cyanate. Out of curiosity he analyzed it and found it
to be urea (a component of urine). This was exciting because it was the first time anyone
had knowingly made a substance produced only by living creatures from a chemical not
having a life origin. The fact that this could be done led to a whole new branch of chemis-
try called organic chemistry. Yet, had it not been for Wohler’s curiosity and his application
of the scientific method to his unexpected results, the importance of his experiment might
have gone unnoticed.

As a final note, it is significant that the most spectacular and dramatic changes in
science occur when major theories are proved to be wrong. Although this happens only
rarely, when it does occur, scientists are sent scrambling to develop new theories, and excit-
ing new frontiers are opened.
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The Atomic Theory as a Model of Nature

Virtually every scientist would agree that the most significant theoretical model of
nature ever formulated is the atomic theory, discussed in some detail in Section 1.4.
According to this theory, all chemical substances are composed of tiny submicroscopic
particles that we call atoms, which combine in various ways to form all the complex
materials we find in the macroscopic, visible world around us. This concept forms the
foundation for the way scientists think about nature. The atomic theory and how it
enables us to explain chemical facts forms the central theme of this chapter, and much
of the rest of this book as well.

1.3 | Matter and Its Classifications

We mentioned above that one of our goals is to be able to relate things we observe around
us and in the laboratory to the way individual atoms and their combinations behave at the
submicroscopic level. To begin this discussion we need to study how chemistry views the
macroscopic world.

Matter Defined

In Section 1.1 we described chemistry as being concerned with the properties and trans-
formations of matter. Matter is defined as anything that occupies space and has mass. It
is the stuff our universe is made of. All of the objects around us, from rocks to pizza to
people, are examples of matter.

Notice that our definition of matter uses the term ass rather than weight. The words
mass and weight are often used interchangeably even though they refer to different things.
Mass refers to how much matter there is in a given 0bjectz, whereas weight refers ro the force with
which the object is attracted by gravity. For example, a golf ball contains a certain amount
of matter and has a certain mass, which is the same regardless of the golf ball’s location.
However, the weight of a golf ball on earth is about six times greater than it would be on
the moon because the gravitational attraction of the earth is six times that of the moon.
Because mass does not vary from place to place, we use mass rather than weight when we
specify the amount of matter in an object. Mass is measured with an instrument called a
balance, which we will discuss in Chapter 2.

Elements

Chemistry is especially concerned with chemical reactions, which are transformations that
alter the chemical compositions of substances. An important type of chemical reaction is
decomposition, in which one substance is changed into two or more others. For example,
if we pass electricity through molten (melted) sodium chloride (salt), the silvery metal
sodium and the pale green gas, chlorine, are formed. This change has decomposed sodium
chloride into two simpler substances. No matter how we try, however, sodium and chlo-
rine cannot be decomposed further by chemical reactions into still simpler substances that
can be stored and studied.

“Mass is a measure of an object’s momentum, or resistance to a change in motion. Something with a large
mass, such as a truck, contains a lot of matter and is difficult to stop once it's moving. An object with less
mass, such as a baseball, is much easier to stop.

W Macroscopic commonly refers to
physical objects that are measurable
and observable by the naked eye.
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Figure 1.3 | Some elements that occur naturally. (z) Carbon in the form of diamonds. (Coal is
also made up mostly of carbon.) (b) Gold. (c) Sulfur. (Peter/Stef Lamberti/Gettylmages, Inc.;
Ken Lucas/VisualsUnlimited; Manfred Kage/PeterArnold, Inc.)

In chemistry, substances that cannot be decomposed into simpler materials by chemical reac-
tions are called elements. Sodium and chlorine are two examples. Others you may be famil-
iar with include iron, aluminum, sulfur, and carbon (as in charcoal and diamonds). Some
elements are gases at room temperature. Examples include chlorine, oxygen, hydrogen,
nitrogen, and helium. Elements are the simplest forms of matter that chemists work with
directly. All more complex substances are composed of elements in various combinations.
Figure 1.3 shows some samples of elements that occur uncombined with other elements
in nature.

Mountains of the bright yellow
element sulfur await shipment on a
dock in Vancouver, BC, Canada.
The sulfur is extracted from crude
oil where it is present as a
contaminant that can cause serious

air pollution if not removed.

(Courtesy of James Brady)

Chemical Symbols for Elements
So far, scientists have discovered 90 naturally occurring elements

Elements That Have Symbols and have made 28 more, for a total of 118. Each element is as-
Table 1.2 Derived from Their Latin Names signed a unique chemical symbol, which can be used as an abbrevia-
P— Symhol Latin Name tion for the name of the element. Chemical s.ymbols are also used
to stand for atoms of elements when we write chemical formulas
Sodium Na Natrium such as H,O (water) and CO, (carbon dioxide). We will have a
Poimesum K Kalium lot more to say about formulas later.
Iron Fe Ferrum The.na.mes and chemical symbols of the elements are given
on the inside front cover of the book. In most cases, an element’s
Coppiper Cu Cyprmien chemical symbol is formed from one or two letters of its English
Silver Ag Argentum name. For instance, the symbol for carbon is C, for bromine it
Gold Au Aurum is Br, and for silicon it is Si. For some elements, the symbols are
Wiz Hg Erdbmrm der?ved from their flon—English names. Those' that. come from
) o their Latin names, given to them long ago, are listed in Table 1.2.
Antimony Sb Stibium The symbol for tungsten (W) comes from wolfram, the German
Tin Sn Stannum name of the element. Regardless of the origin of the symbol, the
Lead Pb Plumbum first letter is always capitalized and the second letter, if there is

one, is always lowercase.
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Compounds

By means of chemical reactions, elements combine in various specific proportions to give
all of the more complex substances in nature. Thus, hydrogen and oxygen combine to
form water (H,0O), and sodium and chlorine combine to form sodium chloride (NaCl,
common table salt). Water and sodium chloride are examples of compounds. A com-
pound is a substance formed from two or more different elements in which the elements
are always combined in the same, fixed (i.e., constant) proportions by mass. For ex-
ample, if any sample of pure water is decomposed, the mass of oxygen obtained is a/ways
eight times the mass of hydrogen. Similarly, when hydrogen and oxygen react to form
water, the mass of oxygen consumed is always eight times the mass of hydrogen, never
more and never less.

Mixtures

Elements and compounds are examples of pure substances.’ The composition of a pure sub-
stance is always the same, regardless of its source. Pure substances are rare, however. Usu-
ally, we encounter mixtures of compounds or elements. Unlike elements and compounds,
mixtures can have variable compositions. For example, Figure 1.4 shows three mixtures that
contain sugar. They have different degrees of sweetness because the amount of sugar in a
given size sample varies from one to the other.

Mixtures can be either homogeneous or heterogeneous. A homogeneous mixture has the
same properties throughout the sample. An example is a thoroughly stirred mixture of
sugar in water. We call such a homogeneous mixture a solution. Solutions need not be
liquids, just homogeneous. For example, the alloy used in the U.S. 5 cent coin is a solid
solution of copper and nickel, and clean air is a gaseous solution of oxygen, nitrogen, and
a number of other gases.

A heterogeneous mixture consists of two or more regions, called phases, that differ in
properties. A mixture of olive oil and vinegar in a salad dressing, for example, is a two-
phase mixture in which the oil floats on the vinegar as a separate layer (Figure 1.5). The
phases in a mixture don't have to be chemically different substances like oil and vin-
egar, however. A mixture of ice and liquid water is a two-phase heterogeneous mixture in
which the phases have the same chemical composition but occur in different physical states
(a term we discuss further in Chapter 2).

3Wee have used the term substance rather loosely until now. Strictly speaking, substance really means pure
substance. Each unique chemical element and compound is a substance; a mixture consists of two or more
substances.

Figure 1.4 | Mixtures can have
variable compositions. Orange
juice, Coca-Cola, and pancake
syrup are mixtures that contain
sugar. The amount of sugar varies
from one to another because the
composition can vary from one

mixture to another. (Thomas Brase/
Stone/Getty Images; Andy Washnik;
Andy Washnik)

Figure 1.5 | A heterogeneous
mixture. The salad dressing shown
here contains vinegar and vegetable
oil (plus assorted other flavorings).
Vinegar and oil do not dissolve in
each other, and they form two
layers. The mixture is heteroge-
neous because each of the separate
phases (oil, vinegar, and other
solids) has its own set of properties
that differ from the properties of
the other phases.

(Andy Washnik)
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Figure 1.6 | Formation of a mixture of iron and sulfur. (2) Samples of powdered sulfur Figure 1.7 | Formation of a mixture does not

and powdered iron. () A mixture of sulfur and iron is made by stirring the two powders change chemical composition. Here we see that

together. (Michael Watson) forming the mixture has not changed the iron and
sulfur into a compound of these two elements.
The mixture can be separated by pulling the iron
out with a magnet. Making a mixture involves a
physical change. (Michael Watson)

Physical and Chemical Changes

The process we use to create a mixture involves a physical change, because no new chemical
substances form. This is illustrated in Figure 1.6 for powdered samples of the elements
iron and sulfur. By simply dumping them together and stirring, the mixture forms, but
both elements retain their original properties. To separate the mixture, we could similarly
use just physical changes. For example, we could remove the iron by stirring the mixture
with a magnet — a physical operation. The iron powder sticks to the magnet as we pull it
out, leaving the sulfur behind (Figure 1.7). The mixture also could be separated by treat-
ing it with a liquid called carbon disulfide, which is able to dissolve the sulfur but not

Figure 1.8 | “Fools gold.” The the iron. Filtering the sulfur solution from the solid iron, followed by evaporation of the
mineral pyrite (also called iron liquid carbon disulfide from the sulfur solution, gives the original components, iron and
pyrite) is a compound of iron and sulfur, separated from each other.

sulfur. When the compound forms, The formation of a compound involves a chemical change (a chemical reaction) because
the properties of iron and sulfur the chemical makeup of the substances involved are changed. Iron and sulfur, for example,
disappear and are replaced by the combine to form a compound often called “fool’s gold” because it looks so much like real
properties of the compound. Pyrite gold (Figure 1.8). In this compound the elements no longer have the same properties they
has an appearance that caused some ~ had before they combined, and they cannot be separated by physical means. The decom-
miners to mistake it for real gold. position of fool’s gold into iron and sulfur is also a chemical reaction.

(WILDLIFE/Peter Arnold, Inc.) The relationships among elements, compounds, and mixtures are shown in Figure 1.9.

Variable
composition

Constant e
composition Physical separation

COMPOUNDS = — — —p| ELEMENTS
Chemical
reactions
Same properties Two or more phases,
throughout each with its own

Figure 1.9 | Classification of matter. set of properties
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1.4 |Dalton and the Atomic Theory

In our definition of an element in Section 1.3, no reference was made to the atomic nature
of matter. In fact, the distinction between elements and compounds had been made even
before the atomic theory of matter was formulated. In this section we examine how the
atomic theory began. This will enable us to take a closer look at elements, compounds,
and mixtures in terms of our modern view of atomic structure.

The concept of atoms began nearly 2500 years ago when certain Greek philosophers
expressed the belief that matter is ultimately composed of tiny indivisible particles, and
it is from the Greek word atomos, meaning “not cut,” that the word arom is derived.
The philosophers’ conclusions, however, were not supported by any evidence; they were
derived simply from philosophical reasoning. Scientific support for the existence of
atoms awaited the establishment of the law of definite proportions and the law of conserva-
tion of mass—two important general observations about the nature of compounds and
chemical reactions.

Laws of Chemical Combination

Prior to the nineteenth century, progress in science was slow because there was little
understanding of the need for accurate measurements. Over the course of time, however,
scientists gradually accumulated data that revealed some truths that apply to all chemical
compounds and chemical reactions.

The first, which we've actually used in our definition of a compound, is that when
a compound is formed, elements always combine in the same proportion by mass. For
example, we noted that when hydrogen and oxygen combine to form water, the mass of
oxygen that reacts is a/ways eight times the mass of hydrogen—never more and never less.
In forming water, we cannot alter this ratio no matter how hard we try. Similar observa-
tions apply to every compound we study. Such observations led to a generalization known
as the law of definite proportions (or law of definite composition): [z any chemical compound the
elements are always combined in a definite proportion by mass.

The second observation is that when a reaction is carried out in a sealed vessel, so
that nothing can escape or enter the reaction mixture, the total mass after the reac-
tion is over is exactly the same as before the reaction began. For instance, if we place a
certain mass of hydrogen, plus eight times that mass of oxygen, into a sealed container
and initiate the reaction to form water, the mass of water after the reaction is over is
the same as the masses of hydrogen and oxygen we started with. Such observations,
repeated over and over for large numbers of chemical reactions, led to another gener-
alization known as the law of conservation of mass: Mass is neither lost nor created during
a chemical reaction.

Law of Definite Proportions

In a given chemical compound, the elements are always combined in the same
proportions by mass.

Law of Conservation of Mass

No detectable gain or loss of mass occurs in chemical reactions. Mass is conserved.

In Chapter 2 you will see how these laws can be used to perform calculations related to
chemical composition.

The Atomic Theory

The laws of definite proportions and conservation of mass served as the experimental foun-
dation for the atomic theory. They prompted the question: “What must be true about the
nature of matter, given the truth of these laws?” In other words, what is matter made of?

'ﬁlcgu.s

Laws of definite proportions and
conservation of mass

W Important relationships that we will
use in solving chemistry problems are
identified by this Tools icon in the
margin. In this case, the tools are two
important chemical laws that affect
how we write chemical formulas and
chemical equations. How the tools are
used is summarized on page 24.
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W The Nobel Prize, consisting of a
gold medal, a citation, and a sum of
money, was established in 1895 by
the Swedish chemist Alfred Bernhard
Nobel, the inventor of dynamite.

It was first awarded for physics,
chemistry, physiology or medicine,
literature, and peace in 1901.

Figure 1.10 | Individual atoms

can be imaged using a scanning
tunneling microscope.

This STM micrograph reveals the

pattern of individual atoms of
palladium deposited on a graphite
surface. Palladium is a silvery
white metal used in alloys such as
white gold and dental crowns.

(P Plailly/Phototake)
'}Bﬂ LS

Colors used to
represent atoms

At the beginning of the nineteenth century, John Dalton (1766-1844), an English
scientist, used the Greek concept of atoms to make sense out of the laws of definite pro-
portions and conservation of mass. Dalton reasoned that if atoms really exist, they must
have certain properties to account for these laws. He described what those properties must
be, and the list constitutes what we now call Dalton’s atomic theory.

Dalton’s Atomic Theory

1. Matter consists of tiny particles called atoms.

2. In any sample of a pure element, all the atoms are identical in mass and other properties.

3. The atoms of different elemens differ in mass and other properties.

4. When atoms of different elements combine to form compounds, new and more complex
particles form. However, in a given compound the constituent atoms are always present
in the same fixed numerical ratio.

5. Atoms are indestructible. In chemical reactions, the atoms rearrange but they do not
themselves break apart.

Modern Experimental Evidence for Atoms

In Section 1.5 we will study how Dalton’s theory accounted for the laws of definite pro-
portions and conservation of mass. Before we get to this, however, you might wonder
whether there is any additional proof today that atoms actually exist. Although atoms and
most molecules are so incredibly tiny that even the most powerful optical microscopes are
unable to detect them, experiments have been performed that provide pretty convincing
evidence that atoms are real.

In recent times, scientists have developed very sensitive instruments that are able to
map the surfaces of solids with remarkable resolution. One such
instrument is called a scanning tunneling microscope. It was invented
in the early 1980s by Gerd Binnig and Heinrich Rohrer and earned
them the 1986 Nobel Prize in physics. With this instrument, the
tip of a sharp metal probe is brought very close to an electrical-
ly conducting surface and an electric current bridging the gap is
begun. The flow of current is extremely sensitive to the distance
between the tip of the probe and the sample. As the tip is moved
across the surface, the height of the tip is continually adjusted to
keep the current flow constant. By accurately recording the height
fluctuations of the tip, a map of the hills and valleys on the surface
is obtained. The data are processed using a computer to reveal an
image of atoms on the surface. (See Figure 1.10.)

1.5| Atoms and Molecules
and Chemical Formulas

In describing substances at the atomic level, it is frequently useful to use mental or graphic
images of the way the individual atoms combine. Because we live in a three-dimensional
world, atoms are represented as spheres (circles if youre drawing them by hand). Different
colors are used to differentiate atoms of one element from those of another. In most of the
artwork in this book, the standard color scheme shown in Figure 1.11 will be followed.
Scientists are not locked into this color scheme, however, and sometimes colors are chosen
to emphasize some particular aspect of a substance. In such cases, the legend for the figure
will identify which colors are associated with which elements. You should learn to recog-
nize atoms in drawings according to their colors.

Atoms of different elements have different sizes, so often the size of the sphere used to
represent an atom will be large for larger atoms and small for smaller atoms. This is done
when we particularly wish to emphasize size difference among atoms. The sizes of the
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different spheres in Figure 1.11 roughly indicate the relative sizes of the atoms. The fol-
lowing illustrate the relative sizes of atoms of oxygen and chlorine. As suggested by these
drawings, a chlorine atom is larger than an oxygen atom.

oxygen atom chlorine atom

O Cl

Earlier we mentioned that each element is assigned its own unique chemical symbol,
which can be used as shorthand for the name of the element or to represent a single atom
of the element. Thus an atom of oxygen is represented by the symbol O and an atom of
chlorine by the symbol Cl.

Molecules

Atoms combine in a variety of ways to form all of the more complex substances we find in
nature. One type of substance consists of discrete particles called molecules, each of which
is made up of two or more atoms. Enormous numbers of different compounds as well as
many elements exist in nature as molecules.* Another type of compound (called an ionic
compound) consists of electrically charged atoms and will be discussed in Chapter 3.

Chemical Formulas

To describe chemical substances, both elements and compounds, we commonly use chemi-
cal formulas, in which chemical symbols are used to represent atoms of the elements that are
present. For a free element (one that is not combined with another element in a compound)
we often simply use the chemical symbol. Thus, the element sodium is represented by its
symbol, Na, which is interpreted to mean one atom of sodium.

Many of the elements we encounter frequently are found in nature as diatomic molecules
(molecules composed of two atoms each). Among them are the gases hydrogen, oxygen,
nitrogen, and chlorine. A subscript following the chemical symbol is used to indicate the
number of atoms of an element in a molecule. Thus, the formula for molecular hydrogen
is Hy, and those for oxygen, nitrogen, and chlorine are O,, N,, and Cl,, respectively.
Drawings of these molecules are shown in Figure 1.12. A more complete list of such ele-
ments is found in Table 1.3. This would be a good time to learn the formulas of these
elements because you will come upon them often throughout the course.

Just as chemical symbols can be used as shorthand notations for the names of elements,
a chemical formula is a shorthand way of writing the name for a compound. However, #he
most important characteristic of a compound’s formula is that it specifies the atomic composi-
tion of the substance.

In the formula of a compound, each element present is identified by its chemical sym-
bol. Water, H,O, is probably the best known example and consists of two atoms of hydro-
gen and one of oxygen. The lack of a subscript after the symbol O means that the formula
specifies just one atom of oxygen. Another example is methane, CHy,
the combustible compound found in “natural gas,” which is used for
cooking in the kitchen and Bunsen burners in the lab. The formula
tells us that methane molecules are composed of one atom of carbon Hydrogen

and four atoms of hydrogen. Nitrogen

Oxygen

#CAS REGISTRY, the most comprehensive and high-quality compendium of pub-
licly disclosed chemical information, now includes 50 million compounds!

Carbon  C
Hydrogen H
Nitrogen N
Oxygen O

Phosphorus P

Sulfur  §
Fluorine F
Chlorine  CI

Bromine  Br

lodine |
Silicon  Si
Boron B

©

0CLPOC c_C oo

Figure 1.11 | Colors used to
represent atoms of different
elements. The sizes of the spheres
roughly illustrate the relative sizes

of the different atoms. The atomic

symbols of the elements are shown

next to their names.

*B:u_s

Symbols and subscripts in a

chemical formula

Elements That Occur Naturally
as Diatomic Molecules

H, Fluorine

N, Chlorine

O, Bromine
Iodine

F,
Clz
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Hydrogen molecule, H,

B Knowing the arrangement of atoms
in a molecule is not something that
is obvious from its chemical formula.
We discuss some of this in later
chapters.

W Molecular model kits can be
purchased that consist of balls with
different colors corresponding to the
different elements. Also supplied are
sticks that can be used to connect
the balls to form models of different
molecules. The balls have holes
drilled at specific angles to give the
“molecules” their correct shapes.

B WileyPLUS, found on the Web site
for the text, has a number of
interactive molecular visualizations
that allow you to view and rotate
molecules in three dimensions.

Figure 1.13 | Ball-and-stick
models. (2) Methane, CH,.
(6) Chloroform, CHCl;.

Fryer ) &

Oxygen molecule, O,

Nitrogen molecule, N, Chlorine molecule, Cl,

Figure 1.12 | Models that depict the diatomic molecules of hydrogen, oxygen, nitrogen, and
chlorine. Each contains two atoms per molecule; their different sizes reflect differences in

the sizes of the atoms that make up the molecules. The atoms are shaded by color to indicate the
element (hydrogen, white; oxygen, red; nitrogen, blue; and chlorine, green).

When sufficient information is available it is possible to represent how the atoms in a
molecule are connected to each other and even the three-dimensional shape of a molecule.
To show how the atoms are connected, we can use chemical symbols to represent the at-
oms and dashes to indicate the chemical bonds that bind the atoms to each other. This kind
of formula is often called a structural formula.

H——O—H

H
H,0 CH;,
water methane

Later we will explore in depth the concept of chemical bonds, but for now we can just
think of them as “connections” between atoms.

Three-dimensional representations of molecules can take several forms. One is called a
“ball-and-stick” model, in which spheres representing atoms are connected by sticks that in-
dicate the connections between the atoms. Ball-and-stick models of methane, CH (natu-
ral gas), and chloroform, CHClI; (a compound once used as an anesthetic) are shown in
Figure 1.13. Notice that the formula CHCI; describes a molecule in which there is one
atom each of carbon and hydrogen as well as three atoms of chlorine.

Another type of representation is called a “space-filling” model, which shows the relative
sizes of the atoms and how they take up space with the molecule. The drawings of the di-
atomic molecules in Figure 1.12 are examples. Space-filling models for water, methane, and
chloroform molecules are shown in Figure 1.14.

» »
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Figure 1.14 | Space-filling
models. (z) Water, H,O.

(6) Methane, CHy.

(¢) Chloroform, CHCl,.

For more complicated compounds, we sometimes find formulas that contain parenthe-
ses. An example is the formula for urea, CO(NH,),, which tells us that the group of atoms
within the parentheses, NH,, occurs twice. (The formula for urea could also be written as
CON,Hy, but there are good reasons for writing certain formulas with parentheses, as you
will see later.) Ball-and-stick and space-filling models of urea are shown in Figure 1.15.

Hydrates: Crystals That Contain Water in Fixed Proportions

Certain compounds form crystals that contain water molecules. An example is ordinary
plaster — the material often used to coat the interior walls of buildings. Plaster consists
of crystals of a compound called calcium sulfate, CaSOy, which contain two molecules
of water for each CaSOy. These water molecules are not held very tightly and can be
driven off by heating the crystals. The dried crystals absorb water again if exposed to
moisture, and the amount of water absorbed always gives crystals in which the H,O-to-
CaSOy ratio is 2 to 1. Compounds whose crystals contain water molecules in fixed ratios
are called hydrates, and they are quite common. The formula for this hydrate of calcium
sulfate is written CaSO42H,O to show that there are two molecules of water per CaSOy.
The raised dot is used to indicate that the water molecules are not bound very tightly in
the crystal and can be removed.

Sometimes the dehydration (removal of water) of hydrate crystals produces changes
in color. An example is copper sulfate, which is sometimes used as an agricultural fungi-
cide. Copper sulfate forms blue crystals with the formula CuSO45H,0 in which there
are five water molecules for each CuSOy4. When the blue crystals are heated, most of the
water is driven off and the solid that remains, now nearly pure CuSOy, is almost white
(Figure 1.16). If left exposed to the air, the CuSOy4 will absorb moisture and form blue
CuSO,45H,0 again.

-9

&

(b)

Figure 1.15 | Models of the
urea molecule, CO(NH,),.
(2) Ball-and-stick model.

() Space-filling model.

M When all the water is removed, the
solid is said to be anhydrous, meaning
without water.

Figure 1.16 | Water can be driven from hydrates by heating. (2) Blue

crystals of copper sulfate pentahydrate, CuSOy-5H,0, about to be heated.

(6) The hydrate readily loses water when heated. The light-colored solid

observed in the lower half of the test tube is pure CuSOy. (Richard Megna/
(b)  Fundamental Photographs; Michael Watson)
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Counting Atoms in Formulas: A Necessary Skill
Counting the number of atoms of the elements in a chemical formula is an operation you
will have to perform many times, so let’s look at an example.

m An Important Word about Problem Solving

Learning chemistry is far more than memorizing facts and formulas. To a large degree,
your success in this course will be tied to your ability to solve problems, both numeri-
cal and non-numerical. Because this is so important, one of the principal goals of this
textbook is to help you develop and improve your problem-solving skills. Toward this
end we include a large number of detailed worked examples throughout the book. You
should study these and then work the similar practice exercises that follow. The answers
to all of the practice exercises are in Appendix B at the back of the book, so you can
check your work as you proceed.

You will find each of the examples divided into four steps intended to guide you
through the thought processes followed by good problem solvers. We encourage you
to practice this approach when you tackle problems on your own. As you gain experi-
ence, these steps will merge into a seamless, effective way to solve problems, not only
in chemistry but in other subjects as well. Let’s take a brief look at these four steps and
the purpose of each.

m Analysis: If you intend to drive from your home to someplace you haven't been
before, you don’t just jump in the car and start driving. You first give some thought to
where you're going and the route you have to take. Solving chemistry problems begins
the same way. In the Analysis section, we identify exactly what is being asked and then
plan what we have to do to arrive at the solution. Sometimes the analysis will be rela-
tively simple, but with more complex problems, you may have to spend some time
thinking about how to solve the problem. You may find it necessary to review a concept
to be certain you're on the right track.

m Assembling the Tools: After we've determined how to proceed, the next step is to
assemble the various chemical tools that apply to the particular problem at hand. These are
the tools that have been developed in the text and are identified by the “Tool” icon in the
margin. Each tool is chosen because it accomplishes a task required to solve the problem.

mSolution: At last were ready to work out the answer by applying the appropriate
tool to each step of the plan we developed in the Analysis section. This is really the
simplest part of the problem, because we've already figured out what we have to do and
which tools we need to do the job.

m |s the Answer Reasonable? The preceding step has given us an answer, but is it
the right answer? Does the answer make sense? It is always prudent to conclude your
problem-solving experience with a quick check to see whether the answer is reasonable.
As we progress, you will learn some techniques to help you check your answer.

In solving a problem, you have to be flexible. There may be times when you're able
to figure out part of a problem in the Analysis step, but the full solution isn’t apparent.
If ¢this happens, proceed with the next two steps and then come back to the Analysis
again to try to plan the rest of the solution.

The most important thing to remember in working problems in this book is that
all of the concepts and tools necessary to solve them have been given to you. If you're
struggling, don’t despair. Take a break and come back with a fresh perspective. You can
be successful.
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Counting Atoms in Formulas

Example 1.1

How many atoms of each element are represented by the formulas (a) (CH3);COH and
(b) CoCl,-6H,0? In each case, identify the elements in the compound by name.

® Analysis: This is not a difficult problem, but let’s proceed methodically just for prac-
tice. To answer both parts of this question requires that we understand the meaning of
subscripts and parentheses in formulas. We also have to make a connection between the
chemical symbol and name of the element, so we need to know where to find this infor-
mation if we don’t already know it.

= Assembling the Tools: Here are the three tools we will use: (1) The subscript follow-
ing a symbol indicates how many of that element are part of the formula; a subscript of 1
is implied if there is no subscript. (2) A quantity within parentheses is repeated a number
of times equal to the subscript that follows. (3) A raised dot in a formula indicates the
substance is a hydrate in which the number preceding H,O specifies how many water
molecules are present.

You will gradually learn the names and symbols for many elements. If you forget, you
can refer to the table inside the front cover of the book.

mSolution: (a) Here we must recognize that all the atoms within the parentheses occur
three times.

Subscript 3 indicates three CHj units

(CH,),COH

Each CHj contains one C and three H atoms, so three of them contain three C and nine
H atoms. In the COH unic, there is one additional C and one additional H, which gives
a total of four C atoms and 10 H atoms. The molecule also contains one O atom.
Therefore, the formula (CH3);COH shows

4 C 10 H 1 O
The elements in the compound are carbon (C), hydrogen (H), and oxygen (O).

(b) This is a formula for a hydrate, as indicated by the raised dot. It contains six water
molecules, each with two H and one O, for every CoCl,.

The 6 indicates there are 6 molecules of H,O.

/

CoCl,-6H,0

The dot indicates the compound is a hydrate.

Therefore, the formula CoCl,-6H,O represents
1 Co 2 Cl 12 H 6 O

Checking the table inside the front cover of the book, we see that the elements here are
cobalt (Co), chlorine (Cl), hydrogen (H), and oxygen (O).

= Are the Answers Reasonahle? The only way to check the answer here is to perform
a recount.

15
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Practice Exercises’

1.1 How many atoms of each element are expressed by the following formulas? (Hinz:
Pay special attention to counting elements within parentheses.)

(a) SF6 (b) (C2H5)2N2H2 (C) Ca3(PO4)2 (d) CO(NO3)26H20

1.2 | How many atoms of each element are present in each of the formulas below? Consult
the table inside the front cover to write the full name of each element as well as its
symbol.

(2) NH,NO;  (b) FeNH,4(SOy), () Mo(NO3),5H,0 (d) C¢H,CINO,

1.3 | Write the chemical formula for the fishy-smelling compound with the molecular
structure shown in the margin. (See Figure 1.11.) There are groups of atoms that can be
written as CHj in this molecule. Rewrite the chemical formula for the compound to show
the presence of these CHj groups.

Atoms, Molecules, and the Law
of Definite Proportions

Let’s now use our methods of representing atoms and molecules to understand how Dal-
ton’s atomic theory accounts for the law of definite proportions. According to the theory,
all of the molecules of a compound are alike and contain atoms in the same numerical
ratio. Thus all water molecules have the formula H,O and contain two atoms of hydrogen
and one of oxygen.

Today we know that oxygen atoms are much heavier than hydrogen atoms. In fact, one
oxygen atom weighs 16 times as much as a hydrogen atom. We haven’t said how much
mass this is, so let’s say that one hydrogen atom has a mass of one unit. On this scale an
oxygen atom would then weigh 16 times as much, or 16 mass units.

1 H atom 1 mass unit
1 O atom 16 mass units

In Figure 1.172 we see one water molecule with two hydrogen atoms and one oxygen
atom. The mass of oxygen in that molecule (16 mass units) is eight times the total mass
of hydrogen (2 mass units). In Figure 1.176 we have five water molecules containing a
total of 10 hydrogen atoms and 5 oxygen atoms. Notice that the total mass of oxygen in
the five molecules is, once again, eight times the total mass of hydrogen. Regardless of the
number of water molecules in the sample, the total mass of oxygen is eight times the total
mass of hydrogen.

Recall from Section 1.3 that in any sample of pure water, the mass of oxygen present is
always found experimentally to be eight times the mass of hydrogen—an example of how
the law of definite proportions applies to water. Figure 1.17 explains why the law works in
terms of the atomic theory.

Figure 1.17 | Law of Definite
Proportions. Regardless of the

number of water molecules, the 2 H atoms 2 mass units 10 H atoms 10 mass units
mass ofoxygen is always eight 1 0 atom 16 mass units 5 0 atoms 80 mass units
times the mass of hydrogen. (a) (b)

>Answers to the Practice Exercises are found in Appendix B at the back of the book.
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The Law of Multiple Proportions

One of the real successes of Dalton’s atomic theory was that it predicted another chemical
law—one that had not been discovered yet. This law is called the law of multiple propor-
tions and applies to atoms that are able to form two or more different compounds with
each other.

Law of Multiple Proportions
Whenever two elements form more than one compound, the different masses of one

element that combine with the same mass of the other element are in the ratio of small
whole numbers.

To see what this means, consider the two compounds sulfur dioxide, SO,, and sulfur
trioxide, SO3, which are illustrated in Figure 1.18. In one molecule of each of these com-
pounds there is one atom of sulfur, so both molecules must have the same mass of sulfur.
Now let’s focus on the oxygen. The SO, molecule has two O atoms; the SO3 molecule
has three O atoms. This means that the ratio of the atoms of O in the two compounds is
2-to-3.

atoms of O in SO, ~ 2 atoms O _ 2
atoms of O in SO; 3 atoms O 3

Because all O atoms have the same mass, the 7atio of the masses of O in the two molecules
must be the same as the ratio of the atoms, and this ratio (2/3) is a ratio of small
whole numbers.

Molecules Small and Large

All of the molecules we've discussed so far are considered to be small molecules because
there are so few atoms in each of them. Most of the molecules you will encounter in this
book would generally be considered to be small. However, nature does present us with
some very large molecules as well, particularly in living organisms. For example, DNA,
which is the molecule that differentiates humans from all other species of living things
on the planet, consists of millions of atoms woven into a very complex structure. A short
segment of a DNA molecule is illustrated in Figure 1.19. We will say more about DNA
in Chapter 23.

Sulfur
trioxide

Sulfur
dioxide

Sulfur\

J
J

000

Figure 1.18 | Oxygen
compounds of sulfur

demonstrate the law of

multiple proportions. Illustrated
here are molecules of sulfur trioxide
and sulfur dioxide. Each has one
sulfur atom, and therefore the same
mass of sulfur. The oxygen ratio is
2-t0-3, both by atoms and by mass.

M DNA, which stands for
deoxyribonucleic acid, carries

the instructions a cell uses to
manufacture molecules needed for it
to function.

Figure 1.19 | Some molecules
are extremely large. Shown here is
a short segment of a DNA
molecule, the structure of which is
responsible for the diffences
between the various species of living
things on earth. An entire DNA
molecule contains millions of
atoms.
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ON THE CUTTING EDGE 1 ] 1

Nanotechnology: Controlling Structure
at the Molecular Level

Atoms and small molecules are incredibly tiny. Experiments have
shown that they have diameters of the order of several billionths
of an inch. For example, the diameter of a carbon atom is about
6 billionths of an inch (6 x 102 in.). As you will learn in Chapter
2, the prefix nano implies 10-2, so when we examine matter at the
nano-scale level, we are looking at very small structures, usually with
dimensions of perhaps tens to hundreds of atoms. Nanotechnology
deals with using such small-scale objects and the special proper-
ties that accompany them to develop useful applications. Ultimately,
the goal of nanotechnology (also sometimes called molecular nano-
technology) is to be able to build materials from the atom up. Such
technology doesn’t quite exist yet, but scientists are beginning to
make progress in that direction. This discussion, therefore, is kind of
a progress report that will give you some feeling of where science is
now and where it's heading—sort of a glimpse at the future.

There are several reasons why there is so much interest in
nanotechnology. For one, the properties of materials are related
to their structures. By controlling structures at the atomic and
molecular level, we can (in principle) tailor materials to have
specific properties. Driving much of the research in this area is the
continuing efforts by computer and electronics designers to pro-
duce ever smaller circuits. The reductions in size achieved through
traditional methods are near their limit, so new ways to achieve
smaller circuits and smaller electrical devices are being sought.

Molecular Self-Assembly

An area of research that is of great interest today is the field of mo-
lecular self-assembly, in which certain molecules, when brought
together, spontaneously arrange themselves into desirable struc-
tures. Biological systems employ this strategy in constructing
structures such as cellular membranes. The goal of scientists is to
mimic biology by designing molecules that will self-assemble into
specific arrangements.

Visualizing and Manipulating Very Tiny Structures
What has enabled scientists to begin the exploration of the nano-
world is the development of tools that allow them to see and some-
times manipulate individual atoms and molecules. We've already
discussed one of these important devices, the scanning tunneling
microscope (STM), when we discussed experimental evidence for
atoms (see page 10). This instrument, which can only be used with
electrically conducting samples, makes it possible to image indi-
vidual atoms. What is very interesting is that it can also be used
to move atoms around on a surface. To illustrate this, scientists
have arranged atoms to spell out words (Figure 1). Although writing
words with atoms doesn’t have much practical use, it demonstrates
that one of the required capabilities for working with substances at
the molecular level is achievable.

To study nonconducting samples, a device called an atomic
force microscope (AFM) can be used. Figure 2 illustrates its basic
principles. A very sharp stylus (sort of like an old fashioned phono-

Figure 1 Atoms of iron on copper.
Scientists at IBM used an STM
instrument to manipulate iron
atoms into the Kanji letters for
“atom.” The literal translation is
something like “original child.”
(Courtesy IBM Research Division)

graph needle) is moved across the surface of the sample under study.
Forces between the tip of the probe and the surface molecules
cause the probe to flex as it follows the ups and downs of the bumps
that are the individual molecules and atoms. A mirrored surface at-
tached to the probe reflects a laser beam at angles proportional to
the amount of deflection of the probe. A sensor picks up the signal
from the laser and translates it into data that can be analyzed by a
computer to give three-dimensional images of the sample’s surface.
A typical image produced by an AFM is shown in Figure 3.

Cantilever
probe

Photo
detector

Mirror

/ surface /
Sharp stylus

Sample

Figure 2 An Atomic Force Microscope (AFM). A sharp stylus attached to the
end of a cantilever probe rides up and down over the surface features of
the sample. A laser beam, reflected off a mirrored surface at the end of the
probe, changes angle as the probe moves up and down. A photo detector
reads these changes and sends the information to a computer, which
translates the data into an image.

Figure 3 Silver nanowires imaged

using an atomic force microscope.
Colored micrograph of thin silver
nanowires spaced about 0.8
millionth of an inch apart on a
calcium fluoride crystal surface.
Such wires could be used for
miniature electronics. (Science/Photo
Library/Photo Researchers)
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The Relationship between Atoms,
Molecules, and the World We See

At this point you may begin to think that the formulas and shapes of molecules come to
chemists mysteriously “out of the blue.” This is hardly the case. When a chemical is first
prepared or isolated from nature, its formula is unknown. The compound, for example,
might be produced from an experiment in the form of a white powder, and there’s nothing
about its formula or the arrangement of the atoms within it that come from the outward
appearance of the substance. To acquire such knowledge chemists perform experiments,
some of which will be described later in this book, that enable them to calculate what the
formula of the substance is. Once a formula is known, we might speculate on the shape
of the molecule, but a lot of work and very expensive and sophisticated instruments are
required to know for sure. (If you take advanced courses in chemistry, it is likely you will
get hands-on experience using such instruments.) It is important for you to understand
that when we describe the formulas of compounds and the structures of molecules, such
information is the culmination of the work of many scientists over many years.

Mixtures at the Atomic/Molecular Level

Earlier we noted that mixtures differ from elements and compounds in that mixtures
can have variable compositions. Figure 1.20 illustrates this at the atomic/molecular level,
where we have used different-color spheres to stand for two substances in a homogeneous
mixture (also called a solution). Notice that the two substances are quite uniformly mixed.
The difference between homogeneous and heterogeneous mixtures on the molecular level
can be seen by comparing Figure 1.20 and 1.21.
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Figure 1.20 | A portion of a homogeneous mixture viewed Figure 1.21 | A portion of a heterogeneous mixture
at the atomic/molecular level. Red and blue spheres represent viewed at the atomic/molecular level. Two substances
two different substances (not two different elements). One exist in separate phases in a heterogeneous mixture.

substance is uniformly distributed throughout the other.

1.6| Chemical Reactions
and Chemical Equations

Chemical reactions are at the heart of chemistry. When they occur, dramatic changes often
occur among the chemicals involved. While chemical reactions are interesting to observe
in the laboratory, they have an enormous number of applications in industry and ordinary
everyday living. Some reactions occur rapidly and violently, such as the reaction between
hydrogen and oxygen in the main engine of the space shuttle, which is used to help lift
the vehicle from its launch pad (Figure 1.22). In this case, the reaction forms harmless
water vapor. Other reactions are less violent. For example, you may use Clorox as a bleach
because its active ingredients react with stains in clothing and also destroy bacteria. These
are just two examples; many others lie in the pages ahead.
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Figure 1.22 | Reaction of
hydrogen with oxygen.

This photo shows the three main
engines of the space shuttle at full
power an instant before the booster
rockets fire and lift the space craft
from its launch pad. The violent
reaction of hydrogen with oxygen
provides the thrust produced by the
main engines. (Courtesy NASA)

Figure 1.23 | The combustion of
methane. Gas-burning stoves that
use natural gas (methane) as a fuel

are common in many parts of the
United States. The reaction
consumes oxygen and produces
carbon dioxide and water vapor.

(photocuisine/© Corbis)
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Coefficients in an equation

M The coefficients of CH4 and CO, are
each equal to 1.

To understand chemical reactions, we need to observe how they lead to changes among
the properties of chemical substances. Consider, for example, the mixture of elements iron
and sulfur shown in Figure 1.6 on page 8. The sulfur has a bright yellow color, and the
iron appears in this mixture as a black powder with magnetic properties. If these elements
react, they can form a compound called iron sulfide (also known as “fools gold”), and as
shown in Figure 1.8, it doesn’t look like either sulfur or iron, and it is not magnetic. When
iron and sulfur combine chemically, the properties of the elements give way to the new
properties of the compound.

To see how a chemical change occurs at the atomic level, let’s study the combus-
tion of methane, CHy, the chief component in natural gas used in typical gas-burning
kitchen stoves (Figure 1.23). The reaction consumes CH4 and oxygen (O,, which
is how oxygen occurs in nature) and forms in their place carbon dioxide, CO,, and
water, H,O. Figure 1.24 illustrates the reaction at the atomic/molecular level. For the
reaction between methane and oxygen, CHy4 and O, are the reactants; these are the
substances present before the reaction begins and are shown on the left in Figure 1.24.
On the right we see the products of the reaction, which are the molecules present after
the reaction is complete. The arrow indicates that the reactants undergo the change
to form the products.

Drawing pictures to describe a chemical change can be awkward. Instead, chemists
normally use chemical symbols to describe reactions by writing chemical equations. A
chemical equation uses chemical formulas to describe what happens when a chemical reac-
tion occurs. As also shown in Figure 1.24, it describes the before-and-after picture of the
chemical substances involved.

The symbols stand for atoms of the elements involved. The numbers that precede O, and
H,O are called coefficients. In this equation, the coefficients tell us how many CH, and O,
molecules react and how many CO, and H,O molecules are formed. Note that when no
coefficient is written in front of a formula, it is assumed to be equal to 1. The arrow in a
chemical equation is read as “reacts to yield.” Thus, this chemical equation would be read
as methane and oxygen react to yield carbon dioxide and water.
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Chemical Reactions
and Conservation of Mass

The law of conservation of mass says that mass is neither created nor destroyed in a chemi-
cal reaction. In Figure 1.24, observe that before the reaction begins there are four H
atoms, four O atoms, and one C atom among the reactants. They are found in one CHy
molecule and two O, molecules. After the reaction is over, we still have the same number
of atoms of each kind, but they have become rearranged into one CO, molecule and two
H,0O molecules. Because atoms are neither lost nor created during the reaction, the total
mass must remain the same. Thus, by applying the concept of atoms and the postulate of
Dalton’s atomic theory that says atoms simply rearrange during a chemical reaction, we've
accounted for the law of conservation of mass.

Before After

AD @
L_’ D 01

o
CH4 + 20, Co, + 2H,0

Figure 1.24 | The reaction of methane, CH,, with oxygen, 0, to give carbon dioxide, C0,, and
water, viewed at the atomic-molecular level. On the left are methane and oxygen molecules before
reaction, and on the right are the carbon dioxide and water molecules that are present after the reaction
is complete. Below the drawings is the chemical equation for the reaction.

Coefficients in Equations and the Law of Conservation of Mass
All chemical reactions obey the law of conservation of mass, which means that in any
reaction the total number of atoms of each kind before and after are the same. When we
write chemical equations we adjust the numbers of molecules on each side of the arrow
to make the equation conform to this principle. We say we balance the equation, and we
accomplish this by adjusting the coefficients in front of reactant and product molecules.
In the equation for the combustion of methane, the coefficients in front of O, on the left
and H,O on the right make this a halanced equation.

Let’s look at another example, the combustion of butane, C4H, the fuel in disposable
cigarette lighters (Figure 1.25).

Two molecules Thirteen molecules Eight molecules Ten molecules

OfC4H10 OfOZ OfCOZ OszO

~N N /7

2C4H10 + 1302—)8(:02 + 1OH20

The 2 before the C4H; tells us that two molecules of butane react. This involves a to-
tal of 8 carbon atoms and 20 hydrogen atoms, as we see in Figure 1.26. Notice that we

Figure 1.25 | The combustion of
butane, C4H;o. The products are
carbon dioxide and water vapor.

(Robert Capece)
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Figure 1.26 | Understanding coefficients in an

g Q equation. The expression 2C4H, describes two
Q Q molecules of butane, each of which contains 4
G G carbon and 10 hydrogen atoms. This gives a total of

Q a 8 carbon and 20 hydrogen atoms.

Two molecules of butane contain
8 atoms of C and 20 atoms of H.

have multplied the numbers of atoms of C and H in one molecule of C4H;, by the
coefficient 2. On the right we find 8 molecules of CO,, which contain a total of 8 carbon
atoms. Similarly, 10 water molecules contain 20 hydrogen atoms. Finally, there are 26
oxygen atoms on both sides of the equation. You will learn to balance equations such as
this in Chapter 4. For now, however, you should be able to determine when an equation
is balanced and when it is not.

Example 1.2
Determining Whether an Equation |s Balanced

Determine whether or not the following chemical equations are balanced. Support your
conclusions by writing how many of each element is on either side of the arrow.

(a) FC(OH)3 + 2HNO3—> FC(NO3)3 + 2H20
(b) BaClz + HzSO4—> BaSO4 + 2HC1
(C) C6H1206 + 602—> 6C02 + 6H20

® Analysis: The statement of the problem asks whether the equations are balanced. You
can prove an equation is balanced if each element has the same number of atoms on either
side of the arrow.

m Assembling the Tools: The meaning of subscripts and parentheses in formulas as
well as the meaning of coefficients in front of formulas are the tools we will use to count
atoms. Note that in two of the equations, oxygen appears in both reactants and both
products. We must be sure to count all of the atoms.

= Solution:

(a) Reactants: 1 Fe, 9 O, 5 H, 2 N; Products: 1 Fe, 11 O, 4 H, 3 N Only Fe has the
same number of atoms on either side of the arrow. This equation is 70z balanced.

(b) Reactants: 1 Ba,2 Cl,2 H, 1S, 4 O; Products: 1 Ba,2Cl,2H,1S,40O. This
equation 7s balanced.

(c) Reactants: 6 C, 12 H, 18 O; Products: 6 C, 12 H, 18 O.  This equation 7s balanced.

u |s the Answer Reasonahle? The appropriate way to check this is to recount the atoms.
Try counting the atoms in the reverse direction this time.
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1.4 | How many atoms of each element appear on each side of the arrow in the follow-

Practice Exercises

ing equation? (Hinz: Recall that coefficients multiply the elements in the entire formula.)

4NH3 + 3024’ 2N2 + 6H20

1.5 | Count the number of atoms of each element on both sides of the arrow to determine

whether the following equation is balanced.

2(NH4)3PO4 + 3B3(C2H302)24) Ba3(PO4)2 + 6NH4C2H302

1.6 | The gas ethane, C,Hg, burns in oxygen (O,) to give carbon dioxide (CO,) and
water. Use drawings to construct a balanced equation showing C,Hg and O, on the left
and CO, and H,O on the right. The ethane molecule can be represented as shown in the

margin.

|Summary

Chemistry and the Scientific Method. Chemistry is a sci-
ence that studies the properties and composition of matter, which
is defined as anything that has mass and occupies space. Chem-
istry employs the scientific method in which observations are
used to collect empirical facts, or data, that can be summarized
in scientific laws. Models of nature begin as hypotheses that
mature into theories when they survive repeated testing,

Elements, Compounds, and Mixtures. An element, which
is identified by its chemical symbol, cannot be decomposed into
something simpler by a chemical reaction. Elements combine in
fixed proportions to form compounds. Elements and compounds
are pure substances that may be combined in varying proportions
to give mixtures. If a mixture has two or more phases, it is het-
erogeneous. A one-phase homogeneous mixture is called a solu-
tion. Formation or separation of a mixture into its components
can be accomplished by a physical change, which doesn’t alter the
chemical composition of the substances involved. Formation or
decomposition of a compound takes place by a chemical change
that changes the chemical makeup of the substances involved.

Atomic Theory. Dalton based his atomic theory on two laws
of chemical combination, the law of definite proportions (in a
compound, the elements are combined in fixed proportions by
mass) and the law of conservation of mass (no change in mass
occurs during a chemical reaction). Dalton’s theory proposed
that matter consists of indestructible atoms with masses that do
not change during chemical reactions. During a chemical reac-
tion, atoms may change partners, but they are neither created
nor destroyed. After Dalton had proposed his theory, it was dis-
covered that whenever two elements form more than one com-
pound, the different masses of one element that combine with

a fixed mass of the other are in a ratio of small whole numbers
(the law of multiple proportions). Using modern instruments
such as the scanning tunneling microscope, scientists are able
to “see” atoms on the surfaces of solids.

Atoms, Molecules, and Chemical Formulas. In drawing
atoms, spheres of different sizes and colors are used, each standing
for a particular element. Each element has its own unique chemical
symbols. Atoms combine to form more complex substances, many
of which consist of molecules composed of two or more atoms.

Chemical formulas are used to describe chemical substances.
Subscripts are used to indicate the number of atoms of each type
in a molecule. Many common free elements occur as diatomic
molecules. Chemical symbols can be used in drawings to indi-
cate how atoms are attached to each other in compounds. Three-
dimensional representations of molecules can be ball-and-stick
or space-filling models. Some compounds form solids called
hydrates, which contain water molecules in definite proportions.

Using atoms we can account for the law of definite propor-
tions. The atomic theory also led to the discovery of the law of
multiple proportions.

Chemical Reactions and Chemical Equations. Signifi-
cant changes in the properties of substances are observed when
chemical reactions occur, and chemical equations are used to
show how the reactants change to products. Coefficients in
front of formulas indicate the number of molecules that react
or are formed and are used to balance an equation, making the
total numbers of atoms of each kind the same on both sides of
the arrow. A balanced equation conforms to the law of conser-
vation of mass.
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T OLS
Tools for Problem Solvi NZ In this chapter you learned a variety of concepts that are useful as tools for

solving problems. Study each one carefully so that you know what each is used for. When faced with solving a problem,
recall what each tool does and consider whether it will be helpful in finding a solution. This will aid you in selecting the
tools you need.

Law of definite proportions (page 9)

When dealing with a chemical compound, we can rely on its formula to accurately describe its atomic composition in all samples
of the substance. A given compound will z/ways have the same atomic composition and the elements will always be present in the
same proportions by mass.

Law of conservation of mass (page 9)
We use this law whenever we balance a chemical equation. When dealing with any chemical reaction, all of a given element in the
reactants must also be present in the products. You will use this principle in chemical calculations in later chapters.

Colors used to represent different elements in a model of a molecule (page 11)
Use the color code in Figure 1.11 to recognize elements in a drawing of a model of a molecule.

Chemical symbols and subscripts in a chemical formula (page 11)
In a chemical formula, the chemical symbol stands for an atom of an element. Subscripts show the number of atoms of each kind
represented in a chemical formula. When a subscript follows parentheses, it multiplies everything within the parentheses.

Coefficients in an equation (page 20)
Coefhicients indicate the number of chemical units of each type that are present in reactants and products. They are used to bal-
ance an equation.

';[T)'S = WileyPLUS, an online teaching and learning solution. Note to instructors: Many of the end-of-chapter problems are available for assign-
ment via the WileyPLUS system. www.wileyplus.com. ILW = An Interactive Learningware solution is available for this problem. OH = An Office
Hour video is available for this problem. Review Problems are presented in pairs separated by blue rules. Answers to problems whose numbers
appear in blue are given in Appendix B. More challenging problems are marked with an asterisk *.

| Review Questions

Introduction; the Scientific Method The calcium reacted slowly with the water to give bubbles
1.1 After some thought, give two reasons why a course in chem- O.f gascous hydrogen and a so.lution f’f .the substance ‘.331'
istry will benefit you in the pursuit of your particular major. cium hydroxide.” Based on this description, what physical

. . .. changes and what chemical changes occurred?
1.2 What steps are involved in the scientific method? 8 8

o0 1. . . . . .
1.3 What is the difference between (a) a law and a theory; (b) an 1.8 In places like Saudi Arabia, freshwater is scarce and is

. . . recovered from seawater. When seawater is boiled, the wa-
observation and a conclusion, (c) an observation and data? ’

ter evaporates and the steam can be condensed to give pure
1.4 Can a theory be proved to be correct? Can a theory be water that people can drink. If all the water is evaporated,
proved to be wrong? solid salt is left behind. Are the changes described here
chemical or physical?
Properties of Substances

1.5 Define matter. Which of the following are examples of matter? Elements, Compounds, and Mixtures

(a) air, (b) a pencil, (c) a cheese sandwich, (d) a squirrel, 1.9 Define (a) element, (b) compound, (c) mixture, (d) homo-
(e) your mother geneous, (e) heterogeneous, (f) phase, (g) solution.
1.6 What is @ physical change? What is a chemical change? What 1.10 Which kind of change, chemical or physical, is needed to
is the chief distinction between physical and chemical change a compound into its elements?
changes? 1.11 What is the chemical symbol for each of the following
1.7 “A sample of calcium (an electrically conducting white elements? (a) chlorine, (b) sulfur, (c) iron, (d) silver,
metal that is shiny, relatively soft, melts at 850 °C, and boils (e) sodium, (f) phosphorus, (g) iodine, (h) copper,

at 1440 °C) was placed into liquid water that was at 25 °C. (i) mercury, (j) calcium


www.wileyplus.com

1.12 What is the name of each of the following elements?
(@) K, (b) Zn, (¢) Si, (d) Sn, (e) Mn, (f) Mg, (g) Ni, (h) Al,
@HC (N

1.13 For each of the following molecular pictures, state whether
it represents a pure substance or a mixture. For pure sub-
stances, state whether it represents an element or a com-
pound. For mixtures, state whether it is homogeneous or
heterogeneous.

(c) (d)

(a) Which sample(s) consist only of one element?
(b) Which sample(s) consist only of a compound?

(c) Which sample(s) consist of diatomic molecules?

Laws of Chemical Combination and Dalton’s Theory

1.15 Name and state the two laws of chemical combination dis-
cussed in this chapter.
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1.16 In your own words, describe how Dalton’s atomic theory
explains the law of conservation of mass and the law of
definite proportions.

1.17 Which of the laws of chemical combination is used to
define the term compound?

1.18 Describe the law of multiple proportions. Use the
molecules illustrated below to demonstrate the law.

P aeo

1.19 Explain how the following molecules demonstrate the law
of multiple proportions.

1.20 Do samples containing the following molecules demon-
strate the law of multiple proportions? Explain.

P %

Chemical Formulas
1.21 What are two ways to interpret a chemical symbol?
1.22 What is the difference between an atom and a molecule?

1.23 Write the formulas and names of the elements that exist in
nature as diatomic molecules.

1.24 Atoms of which elements are usually represented by the fol-
lowing drawings? Give their names and chemical symbols.

(a) (b) (c) (d)

1.25 Atoms of which elements are usually represented by the fol-
lowing drawings? Give their names and chemical symbols.

o)(;)mo

(a) (b)
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1.26 A DNA molecule is small in actual size but contains an
enormous number of atoms. Surprisingly, the molecule is
made up of atoms of just five different elements. Study
Figure 1.19 and identify which elements those are.

Chemical Equations

1.27 What do we mean when we say a chemical equation is bal-
anced? Why do we balance chemical equations?

1.28 For a chemical reaction, what do we mean by the term
reactantst What do we mean by the term products?

| Review Problems

Chemical Formulas

1.30 The compound Cr(C,H30,); is used in the tanning of
leather. How many atoms of each element are given in this
formula?

1.31 Asbestos, a known cancer-causing agent, has a typical for-
mula of CazMgs(SizO11),(OH),. How many atoms of

each element are given in this formula?

1.32 Epsom salts is a hydrate of magnesium sulfate,
MgSO,4-7H,0O. What is the formula of the substance that
remains when Epsom salts is completely dehydrated?

1.33 Rochelle salt is the tetrahydrate of KNaC4H4Og, which
means there are four molecules of water per KNaC4H4Og.
Write the formula for Rochelle salt.

1.34 A molecule of acetic acid, formed when wine spoils and
becomes sour, is shown below. Write the chemical formula

4

for the molecule.

J

1.35 A molecule of dimethyl sulfide is shown below. The com-
pound is a sulfurous gas with a disagreeable odor produced
from breakdown products of phytoplankton through bio-
logical interactions. Write the chemical formula for the
molecule. Is there a way you can write this formula using
parentheses?

2

S

- J

1.29 The combustion of a thin wire of magnesium metal (Mg)
in an atmosphere of pure oxygen produces the brilliant
light of a flashbulb, once commonly used in photography.
After the reaction, a thin film of magnesium oxide is seen
on the inside of the bulb. The equation for the reaction is

2Mg + O, —— 2MgO
(a) State in words how this equation is read.

(b) Give the formula(s) of the reactants.

(c) Give the formula(s) of the products.

1.36 Write the chemical formula for the molecule illustrated
below.

1.37 Write the chemical formula for the molecule illustrated
below.

@«

1.38 For the molecule in Problem 1.36, which of the following
structural formulas is correct?

) i

@ H—H—H b) H—N-H
i

(0 H-H—H—N d N—H—H

1.39 For the molecule in Problem 1.37, which of the following
structural formulas is correct?
i i
@ H-O—C—C—O-H () H-C—O—C—O—H
| | | |
H H H H

H H H

] | |

(¢ H-C—0—-0—C—-H ) H-O—-C—-C—O—H
. [
H H H H

1.40 How many atoms of each element are represented in
each of the following formulas? For each, name the ele-
ments present. (a) K,Cy04, (b) HySO3, () CiyHyg,
(d) HC,H;0,, (e) (NH,),HPO4
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1.41 How many atoms of each kind are represented in the fol-
lowing formulas? For each, name the elements present.
(@) H3POy, (b) Ca(H,POy),, () C4HoBr, (d) Fes(AsOy),,
(e) CsH5(OH);

1.42 How many atoms of each kind are represented in the fol-
lowing formulas? For each, name the elements present.
(8.) NI(C104)2, (b) COClz, (C) KzCl‘zO7, (d) CHsCOzH,
(¢) (NH,),HPO,

1.43 How many atoms of each kind are represented in the fol-
lowing formulas? For each, name the elements present.
(a) CH3CH,CO,C3H7, (b) MgSO47H,0,
(c) KAI(SO4),'12H,0, (d) Cu(NO3),, (e)
(CH3);COH

1.44 How many atoms of each element are represented in each
of the following expressions?

(a) 3N,O, (b) 4(CHj3),S, (c) 2CuSO45H,0
1.45 How many atoms of each element are represented in each
of the following expressions?

(a) 7CH3CO,H, (b) 2(NH,),CO, (c) 5C3Hs(OH);
Law of Multiple Proportions

1.46 Write chemical formulas for the following molecules and
explain how samples containing them can be chosen to
demonstrate the law of multiple proportions.

J
1.47 Write chemical formulas for the following molecules and

explain how samples containing them can be chosen to
demonstrate the law of multiple proportions.

) .

LY

&) )

Chemical Equations

1.48 Consider the balanced equation
2Fe(NO3); 4+ 3Na,CO;—— Fe,(CO3); + 6NaNO;
(@) How many atoms of Na are on each side of the equation?
(b) How many atoms of C are on each side of the equation?
() How many atoms of O are on each side of the equation?
(d) How many atoms of Fe are on each side of the equation?

1.49 Consider the balanced equation for the combustion of
hexane, a component of gasoline:

2CgH4 + 190,—— 12CO, + 14H,0
(a) How many atoms of C are on each side of the equation?

(b) How many atoms of H are on each side of the equation?
(c) How many atoms of O are on each side of the equation?
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1.50 When sulfur impurities in fuels burn, they produce pol-
lutants such as sulfur dioxide, a major contributor to acid
rain. The following is a typical reaction.

RS

ha Y

On the left are reactant molecules and on the right are
product molecules in a chemical reaction. How many mol-
ecules of each kind are necessary to have a balanced equa-
tion containing the smallest total number of molecules?
Write the balanced chemical equation using chemical
formulas.

1.51 Race car drivers can get extra power by burning methyl
alcohol with nitrous oxide. Below on the left are the reac-
tant molecules and on the right are product molecules of
the chemical reaction. How many molecules of each kind
are necessary to have a balanced equation containing the
smallest total number of molecules? Write the balanced
chemical equation using chemical formulas.

F2-Yun

1.52 Is the following chemical equation for the combustion of
octane (CgHg), a component of gasoline, balanced?

CyHys + 120,—— 8CO, + 9H,0

If not, what is the smallest set of coefficients that would
make the equation balanced?

1.53 Is the following chemical equation balanced? This reaction
is used for the production of nitric acid, HNO3, and is one
of the reactions responsible for acid rain.

oy g0 s

3NO, + H,0 —— HNO, + 2NO

If the equation is not balanced, find coefficients that would
make it balanced.
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| Additional Exercises

1.54 How would you explain that the following molecules fol- 1.56 A student obtained a sample from an experiment that had
low the law of multiple proportions? N,O, NO, the folowing composition:

1.55 The following are models of molecules of two compounds
composed of carbon, hydrogen, and oxygen. The one on a Oe

the left is ethanol, the alcohol that’s added to gasoline with aa a

the hope of reducing our dependence on foreign oil sup- J
plies. The one on the right is dimethyl ether, a compound @

that is a gas at room temperature and is used as an aerosol 9@ 9 Qo
propellant. How many atoms of carbon, hydrogen, and Q o

oxygen are in each of these molecules? Find a way to write

the formula of one of them using parentheses so that the If the experiment were repeated and another sample were
two compounds can be distinguished one from the other. obtained, would it have to have the exact same composi-

tion? Would the results of these experiments illustrate the
law of definite proportions? Explain.

B ) _ 1.57 Suppose you wanted to separate the sample illustrated in
} ' the preceding question into its constituent chemical ele-
) ments. (a) Would a physical change be sufficient? (b) If
not, what could be accomplished by a physical change?
ethyl alcohol dimethyl ether (c) Would a chemical change be required? (d) If so, on
which substance would a chemical change have to be
applied? (e) Would the elements isolated by these changes
necessarily be composed of individual atoms, or would at
least one be composed of molecules?

|Exercises in Critical Thinking

1.58 A solution is defined as a uniform mixture consisting of 1.59 How do you know that Coca Cola is not a compound?
a single phase. With our vastly improved abilities to “see” What experiments could you perform to prove it? What
smaller and smaller particles, down to the atomic level, would you do to prove that the rusting of iron is a chemi-
present an argument for the proposition that all mixtures cal change rather than a physical change?

are heterogeneous. Present the argument that the ability to
observe objects as small as an atom has no effect on the
definitions of heterogeneous and homogeneous.
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Chapter Outline

2.1 | Physical and Chemical
Properties

2.2 | Measurement of Physical
and Chemical Properties

2.3 | The Uncertainty of
Measurements

2.4 | Dimensional Analysis

2.5 | Density and Specific
Gravity

The grand photos and artist’s renderings of spacecraft reaching the moon, planets, and
outer reaches of the solar system are familiar to all. The achievement is remarkable
because it has been a little over one hundred years since powered flight was achieved.
Along with the grandeur come the details. On September 23, 1999, the Mars Climate
Orbiter crashed into the surface of Mars. On September 30, NASA announced that
the cause of the accident was a mix-up in measurement units. Although computers
can transfer numbers easily, units are more difficult. Without the units, scientists were
unaware that their calculations were in error, and the spacecraft was given incorrect
instructions. This incident simply highlights the central theme of this chapter, which

emphasizes the use of units along with numbers in all calculations.  (NAsA/JPL)

29
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[ This Chapter in Context

In Chapter 1 we saw that chemistry is an atomic and molecular science. One of the basic
tenets of chemistry is that if we understand the nature of our atoms and molecules on the
microscopic scale, we will be able to understand the properties of chemicals on the macro-
scopic scale. We obtain this understanding by making precise observations and numerical
measurements.

At this point in time, scientists have become very systematic in making and reporting
measurements. As we will see in this chapter, we need to understand which physical and
chemical properties are important to measure. Then we will find that of all the many
measurements we can make, there are only seven basic units, in various combinations,
that describe all of them. Finally, we will see that once we make our measurements there
are certain rules to follow so that the answers to our calculations will be reported correctly.

This chapter has three principal goals. The first is to provide you with an appreciation
of the nature of and distinction between physical and chemical properties. The second is
to explain the way scientists approach the process of making quantitative experimental
observations of these properties. The third goal is to describe the accepted methods for
treating experimental data.

M As in Chapter 1, some material
may be familiar from a past science
course. This chapter emphasizes that
mathematics is an important tool for
success in chemistry. A very good
working knowledge of algebra will be
important as we progress.

Figure 2.1 | Liquid water and
ice are both composed of water
molecules. Melting the ice cube
does not change the chemical
composition of the molecules.
(Daniel Smith/Corbis)

2.1|Physical and Chemical Properties

In chemistry we use properties (characteristics) of materials to identify them and to distin-
guish one substance from another. To help organize our thinking, we classify properties
into two different types, physical and chemical.

Physical Properties

One way to classify properties is based on whether or not the chemical composition of an
object is changed by the act of observing the property. A physical property is one that can be
observed without changing the chemical makeup of a substance. For example, a physical pro-
perty of gold is that it is yellow. The act of observing this property (color) doesnt change
the chemical makeup of the gold. Neither does
observing that gold conducts electricity, so color
and electrical conductivity are physical properties.

Sometimes, observing a physical property does
lead to a physical change. To measure the melting
point of ice, for example, we observe the temper-
ature at which the solid begins to melt (Figure
2.1). This is a physical change because it does not
lead to a change in chemical composition; both
ice and liquid water are composed of water
molecules.

States of Matter

When we observe ice melting, we see two states
of matter, liquid and solid. Water can also exist
as a gas that we call water vapor or steam. Al-
though ice, liquid water, and steam have quite
different appearances and physical properties,
they are just different forms of the same substance, water. Solid, liquid, and gas are the
most common states of matter. As with water, most substances are able to exist in all



2.1 | Physical and Chemical Properties 31

three of these states, and the state we observe generally depends on the temperature.
The obvious properties of solids, liquids, and gases can be interpreted at a submicro-
scopic level according to the different ways the individual atomic-size particles
are organized (Figure 2.2). For a given substance, a change from one state
to another is a physical change.

In Chapter 1 we discussed chemical equations. We saw that they oo
must obey the law of conservation of mass by being balanced. We [+ )))

also saw that these equations represented the actual interaction of :"\':(;
atoms and molecules. An additional refinement of the chemical )
equation that we can make is to specify the state of each substance. Solid
For instance, we can rewrite the combustion reaction for butane (@

and include the states of each substance.
2CH;o(g) + 130,(9) —— 8CO,(g) + 10H,0(g)

Each of the substances is followed by (g) to show it is in the gas state, since butane burns
at a temperature above the boiling point of water. In a similar way we can indicate that a
substance is a solid with (s) or a liquid with (/).

Chemical Properties

A chemical property describes a chemical change (chemical reaction) that a substance undergoes.
When a chemical reaction takes place, chemicals interact to form entirely different sub-
stances with different chemical and physical properties. An example is the rusting of iron,
which involves a chemical reaction between iron, oxygen, and water. When these three
react, the product, rust, no longer looks like iron, oxygen, or water. It’s a brown solid that
ist’t at all like a metal, and it is not attracted by a magnet (Figure 2.3).

The ability of iron to form rust in the presence of oxygen and moisture is a chemical
property of iron. When we observe this property, the reaction changes the iron, oxygen, and
water into rust, so after we've made the observation we no longer have the same substances
as before. In describing a chemical property, we usually refer to a chemical reaction.

In modern science, we often want to know whether a substance presents a health hazard
before we use it. Health hazards of materials are usually a type of chemical property
whereby a substance will have an adverse effect on one or more of the many chemical reac-
tions within our bodies. Toxicology is a field of science that depends heavily on chemical
principles to assess the effects of poisons and toxins on living organisms.

Intensive and Extensive Properties

Another way of classifying a property is according to whether or not it depends on the size
of the sample. For example, two different pieces of gold can have different volumes, but
both have the same characteristic shiny yellow color and both will begin to melt at the same
temperature. Color and melting point (and boiling point, too) are examples of intensive
properties—properties that are independent of sample size. Volume, on the other hand, is an
extensive property—a property that depends on sample size. Mass is another extensive property.

A job chemists often perform is chemical analysis. They're asked, “What is a particular
sample composed of?” To answer such a question, the chemist relies on the properties of
the chemicals that make up the sample. For identification purposes, intensive properties
are more useful than extensive ones because every sample of a given substance exhibits the
same set of intensive properties.

Color, freezing point, and boiling point are examples of intensive physical properties
that can help us identify substances. Chemical properties are also intensive properties and
also can be used for identification. For example, gold miners were able to distinguish
between real gold and fool’s gold, a mineral also called pyrite (Figure 1.8, page 8), by heat-
ing the material in a flame. Nothing happens to the gold, but the pyrite sputters, smokes,
and releases bad-smelling fumes because of its ability, when heated, to react chemically
with oxygen in the air.

Figure 2.2 | Solid, liquid, and
gaseous states viewed using the
atomic model of matter.

(@) In a solid, the particles are

tightly packed and cannot move
easily. (6) In a liquid, the particles
are still close together but can
readily move past one another.

(¢) In a gas, particles are far apart
with much empty space between
them.

Figure 2.3 | Chemical reactions
cause changes in composition.
Here we see a coating Of rust that

has formed on an iron object. The
properties and chemical composi-
tion of the rust are entirely
different from those of the iron.
(George B. Diebold/Corbis Images)
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2.2 |Measurement of Physical
and Chemical Properties

Qualitative and Quantitative Observations

Earlier you learned that an important step in the scientific method is observation. In
general, observations fall into two categories, qualitative and quantitative. Qualitative
observations, such as the color of a chemical or that a mixture becomes hot when a reaction
occurs, do not involve numerical information. Quantitative observations are those measure-
ments that do yield numerical data. You make such observations in everyday life, for
example, when you glance at your watch or step onto a bathroom scale. In chemistry, we
make various measurements that aid us in describing both chemical and physical
properties.

Measurements Include Units

Measurements involve numbers, but they differ from the numbers used in mathematics in
two crucial ways.

First, measurements always involve a comparison. When you say thata person is six feet
tall, you're really saying that the person is six times taller than a reference object that is
1 foot high, where fooz is an example of a unit of measurement. Both the number and the unit
are essential parts of the measurement, because the unit gives the reported value a sense of
size. For example, if you were told that the distance between two points is 25, you would
naturally ask “25 what?” The distance could be 25 inches, 25 feet, 25 miles, or 25 of any
other unit that’s used to express distance. A number without a unit is really meaningless.
Writing down a measurement without a unit is a common and serious mistake, and one you
should avoid.

The second important difference is that measurements always involve uncertainty;
they are inexact. The act of measurement involves an estimation of one sort or another,
and both the observer and the instruments used to make the measurement have inherent
physical limitations. As a result, measurements always include some uncertainty, which
can be minimized but never entirely eliminated. We will say more about this topic in
Section 2.3.

International System of Units (SI Units)

A standard system of units is essential if measurements are to be made consistently. In the
sciences, and in virtually every nation on Earth, except the United States, metric-based
units are used. The advantage of working with metric units is that converting to larger or
smaller values can be done simply by moving a decimal point, because metric units are
related to each other by simple multiples of ten.

In 1960, a simplification of the original metric system was adopted by the General
Conference on Weights and Measures (an international body). It is called the International
System of Units, abbreviated SI from the French name, Le Systéme International d’Unités. The
SI is now the dominant system of units in science and engineering, although there is still
some usage of older metric units.

The ST has as its foundation a set of hase units (Table 2.1) for seven measured quantities.
For now, we will focus on the base units for length, mass, time, and temperature. We will
discuss the unit for amount of substance, the mole, at length in Chapter 4. The unit for
electrical current, the ampere, will be discussed briefly when we study electrochemistry in
Chapter 20. The unit for luminous intensity, the candela, will not be discussed in this book.

Most of the base units are defined in terms of reproducible physical phenomena. For
instance, the meter is defined as exactly the distance light travels in a vacuum in
1/299,792,458 of a second. Everyone has access to this standard because light and a vacuum
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iE PRI The S Base Units
Measurement Unit Symbol
Length meter m
Mass kilogram kg %: i
Time second S Base Sl units
Electric current ampere A
Temperature kelvin K
Amount of substance mole mol
Luminous intensity candela cd

are available to all. Only the base unit for mass is defined by an object made by human
hands. It is a carefully preserved platinum—iridium alloy block stored at the International
Bureau of Weights and Measures in France (Figure 2.4). This block serves indirectly as the
calibrating standard for all “weights” used for scales and balances throughout the world.!

In scientific measurements, #// physical quantities will have units that are combinations
of the seven base SI units. For example, there is no SI base unit for area, but we know that
to calculate the area of a rectangular room we multiply its length by its width. Therefore,
the unit for area is derived by multiplying the unit for length by the unit for width. Length
and width are each a measurement that have the SI base unit of the meter (m).

length x width = area

(meter) X (meter) = (meter)?
m X m = m?
The ST derived unit for area is therefore m? (read as meters squared, or square meter).

In deriving SI units, we employ a very important concept that we will use repeatedly
throughout this book when we perform calculations: Units undergo the same kinds of math-
ematical operations that numbers do. We will see how this fact can be used to convert from
one unit to another in Section 2.4.

Figure 2.4 | The international
standard kilogram. The SI

standard for mass is made of a

platinum—iridium alloy and is
protected under two bell jars, as
shown, at the International Bureau
of Weights and Measures in
France. Precise copies, called
secondary standards, are
maintained by many countries.
(NIST)

Example 2.1

Deriving SI Units

Linear momentum is a measure of the “push” a moving object has, equal to the object’s
mass times its velocity. What is the SI derived unit for linear momentum?

® Analysis: To derive a unit for a quantity we must first express it in terms of simpler
quantities. We're told that linear momentum is mass times velocity. Therefore, the SI unit
for linear momentum will be the SI unit for mass times the SI unit for velocity. Since
velocity is not one of the base SI units, we will need to find the SI units for velocity.

m Assembling the Tools: The only tool we need for this question is the list of SI base
units in Table 2.1. We will also have to recall that velocity is distance traveled (length) per
unit time. The tools are:

SI unit for mass is the kg

SI units for velocity (length/time) are m/s

!Scientists are working on a method of accurately counting atoms whose masses are accurately known. Their
goal is to develop a new definition of the kilogram that doesn’t depend on an object that can be stolen, lost,
or destroyed.
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Practice Exercises

m Solution: We start by expressing the given information as an equation:
mass X velocity = linear momentum

Next we write the same equation with units because units undergo the same mathematical
operations as the numbers.

1

kg x m/s = kg m/s or kgm s~

Our result is that linear momentum has units of kg m/s or kg m s~ .

m|s the Answer Reasonahble? Before leaving a problem, it is always wise to examine the
answer to see whether it makes sense. For numerical calculations, ask yourself, “Is the answer
oo large or too small?” Judging the answers to such questions serves as a check on the
arithmetic as well as on the method of obtaining the answer. It can help you find obvious
errors. In this problem, the check is simple. The derived unit for linear momentum should
be the product of units for mass and velocity, and this is obviously true. Therefore, our
answer is correct.

2.1 | The volume of a sphere is given by the formula V' = %’/T 73, where r is the radius of
the sphere. From this equation, determine the SI units for volume. (Hint: r is a length, so
it must have a length unit.)

2.2 | When you “step hard on the gas” in a car you feel an invisible force pushing you back in
your seat. This force, F, equals the product of your mass, 7, times the acceleration, 4, of the
car. In equation form, this is = ma. Acceleration is the change in velocity, v, with time, #:

_ change in »

change in #

Therefore, the units of acceleration are those of velocity divided by time. What is the SI
derived unit for force expressed SI base units?

W Many of the “English”
measurements are now defined
based on the SI base units.

Non-S| Units

Some older metric units that are not part of the SI system are still used in the laboratory
and in the scientific literature. Some of these units are listed in Table 2.2; others will be
introduced as needed in upcoming chapters.

The United States is the only large nation still using the English system of units, which
measures distance in inches, feet, and miles; volume in ounces, quarts, and gallons; and
mass in ounces and pounds. However, a gradual transition to metric units is occurring and,
in fact, many of the English units are defined with reference to base SI units. Beverages,

IELEVVA Some Non-SI Metric Units Commonly Used in Chemistry

Measurement Name Symbol Value in SI Units
Length angstrom A 1A=010m=10""m
Mass atomic mass unit u (amu) 1 u=1.66054 x 10~% kg,
approximately

metric ton t lt=10kg
Time minute min. 1 min. = 60 s

hour h (hr) 1 h = 60 min. = 3600 s
Temperature degree Celsius °C Tk = toc + 273.15

Volume liter L 1L =1000 cm?
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i1 2Pl Some Useful Conversions

Measurement English Unit English/SI Equality?
Length inch 1in. =2.54 cm
yard 1yd=0.9144 m
mile 1 mi = 1.609 km
Mass pound 1lIb=453.6¢
ounce (mass) loz=128.35¢g
Volume gallon 1gal=3.785L
quart 1 qt = 946.4 mL
ounce (fluid) 1 oz =29.6 mL

“These equalities allow us to convert English to metric or metric to English
units.

food packages, tools, and machine parts are often labeled in metric units (Figure 2.5). Figure 2.5 | Metric units are

Common conversions between the English system and the SI are given in Table 2.3 and ~ becoming commonplace on

inside the back cover of this book.? most consumer products.
(Michael Watson)

Decimal Multipliers

Sometimes the basic units are either too large or too small to be used conveniently. For
example, the meter is inconvenient for expressing the size of very small things such as
bacteria. The SI solves this problem by forming larger or smaller units by applying decimal
multipliers to the base units. Table 2.4 lists the most commonly used decimal multipliers
and the prefixes used to identify them.

i VB S| Prefixes—Their meanings and values?

Prefix Meaning Symbol Prefix Value® Prefix Value®
(numerical) (power of ten)
exa E 10'8
peta P 10" '?B:: LS
tera T 1012
giga billions of G 1000000000 10° S| prefixes
mega  millions of M 1000000 10°
kilo thousands of k 1000 103
hecto h 10?
deka da 10!
deci tenths of d 0.1 10!
centi hundredths of c 0.01 102
milli thousandths of m 0.001 103
micro  millionths of o 0.000001 10—°¢
nano billionths of n 0.000000001 10°
pico trillionths of P 0.000000000001 10-12
femto f 10°0
atto a 1018

“Prefixes in bold type are used most often.

"Numbers in these columns can be interchanged with the corresponding prefix.

2Originally, these conversions were established by measurement. For example, if a metric ruler is used to mea-
sure the length of an inch, it is found that 1 in. equals 2.54 cm. Later, to avoid confusion about the accuracy
of such measurements, it was agreed that these relationships would be taken to be exact. For instance, 1 in. is
now defined as exacrly 2.54 cm. Exact relationships also exist for the other quantities, but for simplicity many
have been rounded off. For example, 1 Ib = 453.59237 g, exactly.
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W A modified base unit can be
conveniently converted to the base
unit by removing the prefix and
inserting x 10~

25.2 pm =252 x 1072 m

A prefix can be inserted by adjusting
the exponential part of a number to
match the definition of a prefix. Then
the exponent is removed and replaced
by the prefix.

2.34 x 1010g = 23.4 x 10 g
—23.40Gg

%Efu.s

Units for laboratory
measurements

M An older, non-SI unit called the
angstrom (A) is often used to describe
dimensions of atomic- and molecular-

sized particles.
1A=0.1nm=10"1m

When the name of a unit is preceded by one of these prefixes, the size of the unit is
modified by the corresponding decimal multiplier. For instance, the prefix 4ilo indicates a
multiplying factor of 10°, or 1000. Therefore, a kilometer is a unit of length equal to
1000 meters.” The symbol for kilometer (km) is formed by applying the symbol meaning
kilo (k) as a prefix to the symbol for meter (m). Thus 1 km = 1000 m (or alternatively, 1
km = 10° m). Similarly a decimeter (dm) is 1/10th of a meter, so 1 dm = 0.1 m
(1dm = 107" m).

The symbols and multipliers are listed in Table 2.4. Those listed in boldface type are the

ones most commonly encountered in chemistry.

Laboratory Measurements

The most common measurements you will make in the laboratory will be those of length,
volume, mass, and temperature.

Length

The SI base unit for length, the meter (m), is too large for most laboratory purposes. More
convenient units are the centimeter (cm) and the millimeter (mm). Using Table 2.4 we see that
they are related to the meter as follows.

lecm=10"?m=0.0l m

1 mm=10"2m=0.00l m
It is also useful to know the relationships

1m=100cm = 1000 mm

1 cm =10 mm

Volume
Volume is a derived unit with dimensions of (length)®. With these dimensions expressed
in meters, the derived SI unit for volume is the cubic meter, m*.

In chemistry, measurements of volume usually arise when we measure amounts of lig-
uids. The traditional metric unit of volume used for this is the liter (L). In SI terms, a liter
is defined as exactly 1 cubic decimeter.

1 L=1dm? (exactly) (2.1

However, even the liter is too large to conveniently express most volumes measured in the
lab. The glassware we normally use, as illustrated in Figure 2.6, is marked in milliliters (mL).4

1L =1000 mL

Because 1 dm = 10 cm, then 1 dm® = 1000 cm?. Therefore, 1 mL is exactly the same as
1 cm?.
lem®=1mL

1 L =1000 cm® = 1000 mL

Sometimes you may see cm’ abbreviated cc (especially in medical applications), although
the SI frowns on this symbol. Figure 2.7 compares the cubic meter, liter, and milliliter.

3In the sciences, powers of 10 are often used to express large and small numbers. The quantity 10* means

10 x 10 x 10 = 1000. Similarly, the quantity 6.5 x 10* = 6.5 X 100 = 650. Numbers less than 1 have
negative exponents when expressed as powers of 10. Thus, the fraction {5 is expressed as 107, so the quantity
1073 means 1 X 5 X 15 = %. A value of 6.5 X 1073 = 6.5 x 0.001 = 0.0065. Numbers written as

6.5 X 102 and 6.5 x 1073, with the decimal point between the first and second digit, are said to be expressed
in scientific notation.

4Use of the abbreviations L for liter and mL for milliliter is rather recent. Confusion between the printed let-
ter | and the number 1 prompted the change from I to L and ml to mL. You may encounter the abbreviation
ml in other books or on older laboratory glassware.
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Graduated Buret Pipet Volumetric
cylinder flask

Figure 2.6 | Common laboratory glassware used for measuring volumes.
Graduated cylinders are used for measuring volumes to the nearest milliliter.
Precise measurements of volumes are made using burets, pipets, and volumetric

flasks. (Andy Washnik)

Mass
In the SI, the base unit for mass is the kilogram (kg), although the gram (g) is a more conve-
niently sized unit for most laboratory measurements. One gram, of course, is ﬁ of a
kilogram (1 kilogram = 1000 g, so 1 g must equal 0.001 kg).

Mass is measured by comparing the weight of a sample with the weights of known
standard masses. (Recall from Chapter 1 that mass and weight are not the same thing.)
The instrument used is called a balance (Figure 2.8). For the balance in Figure 2.84, we

Figure 2.8 | Typical laboratory balances. (2) A traditional two-pan analytical balance capable of
measurements to the nearest 0.0001 g. (4) A modern top-loading balance capable of mass
measurements to the nearest 0.1 g. () A modern analytical balance capable of measurements to the
nearest 0.0001 g. (Michael Watson; © 2005 Richard Megna/Fundamental Photographs; Charles D.
Winters/Photo Researchers)
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Figure 2.7 | Comparing volume
units. A cubic meter (m?) is
approximately equal to a cubic
yard. 1000 cm? is approximately a
quart, and approximately 30 cm® is
equal to one fluid ounce.
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Figure 2.9 | Masses of

several common objects. Paper

(iStockphoto; iStockphoto; Andy clip
Washnik; Jim Cummins/Taxi/
Getty Images, Inc.)

MW In chemistry, reference data are
commonly tabulated at 25 °C,

which is close to room temperature.
Biologists often carry out their
experiments at 37 °C because that is
our normal body temperature.

%:._s

Celsius to Fahrenheit conversion

Figure 2.10 | Typical laboratory
thermometers. (2) A traditional
mercury thermometer. (4) An electronic
thermometer. (Michael Watson; Corbis
Images)
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would place our sample on the left pan and then add standard masses to the other. When
the weight of the sample and the total weight of the standards are in balance (when they
match), their masses are then equal. Figure 2.9 shows the masses of some common objects
in ST units.

Temperature

Temperature is usually measured with a thermometer (Figure 2.10). Thermometers are
graduated in degrees according to one of two temperature scales. On the Fahrenheit scale
water freezes at 32 °F and boils at 212 °F If you've been raised in the United States, this is
probably the scale youre most familiar with. In recent times, however, you have probably
noticed an increased use of the Celsius scale, especially in weather broadcasts. This is the
scale we use most often in the sciences. On the Celsius scale water freezes at 0 °C and boils
at 100 °C. (See Figure 2.11.)

As you can see in Figure 2.11, on the Celsius scale there are 100 degree units between
the freezing and boiling points of water, while on the Fahrenheit scale this same tempera-
ture range is spanned by 180 degree units. Consequently, 5 Celsius degrees are the same as
9 Fahrenheit degrees. We can use the following equation as a tool to convert between these
temperature scales.

9°F
tg =|——|tc +32°F
F [5°C]C (2.2)

In this equation, # is the Fahrenheit temperature and 7c is the Celsius temperature. As
noted eatlier, units behave like numbers in calculations, and we see in Equation 2.2 that
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Kelvin, K Celsius, °C Fahrenheit, °F
(M) M M

373 K === ]100°C| p===212°F ks o Water hoils

310K 37.0°C

98.6 °F Normal body
temperature

100 Degrees
100 Degrees
180 Degrees

273 K pm== (°C mmma 3D °F ==  Water freezes

°C “cancels out” to leave only °F The 32 °F is added to account for the fact that the
freezing point of water (0 °C) occurs at 32 °F on the Fahrenheit scale. Equation 2.2 can
easily be rearranged to permit calculating the Celsius temperature from the Fahrenheit
temperature.

The SI unit of temperature is the kelvin (K), which is the degree unit on the Kelvin tem-
perature scale. Notice that the temperature unit is K, not °K (the degree symbol, °, is
omitted). Also notice that the name of the unit, kelvin, is not capitalized. Equations that
include temperature as a variable sometimes take on a simpler form when Kelvin tempera-
tures are used. We will encounter this situation many times throughout the book.

Figure 2.11 shows how the Kelvin, Celsius, and Fahrenheit temperature scales relate to
each other. Notice that the kelvin is exactly the same size as the Celsius degree. The only
difference between these two temperature scales is the zero point. The zero point on the Kelvin
scale is called absolute zero and corresponds to nature’s lowest temperature. It is 273.15
degree units below the zero point on the Celsius scale, which means that 0 °C equals
273.15 K, and 0 K equals —273.15 °C. Common laboratory thermometers are never
marked with the Kelvin scale, so to convert from Celsius to Kelvin temperatures the fol-
lowing equation applies.

1K
Ty = (tc +273.15) %510— (2.3)

°C

This amounts to simply adding 273.15 to the Celsius temperature to obtain the Kelvin
temperature. Often we are given Celsius temperatures rounded to the nearest degree, in
which case we round 273.15 to 273. Thus, 25 °C equals (25 + 273) K or 298 K.

Types of Mathematical Calculations

We will discuss many problems throughout the book that require mathematical calcula-
tions. In approaching them you will see that they can be divided into two general types.
The type described in Example 2.2 involves applying a mathematical equation in which
we have numerical values for all but one of the variables in the equation. To perform the
calculation, we solve the equation by substituting known values for the variables until

Figure 2.11 | Comparison
among Kelvin, Celsius, and
Fahrenheit temperature scales.

W The name of the temperature scale,
the Kelvin scale, is capitalized, but
the name of the unit, the kelvin, is
not. However, the symbol for the
kelvin is a capital K.

'?'.\Lls,lfl_s

Celsius to Kelvin conversion

W We will use a capital T to stand

for the Kelvin temperature and a
lowercase t (as in t;) to stand for the
Celsius temperature. This conforms

to the usage described by the
International Bureau of Weights and
Measures in Sevres, France, and the
National Institute of Standards and
Technology in Gaithersburg, Maryland.
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Example 2.2

there is only one unknown variable that can be calculated. The second type of calcula-
tion that we will encounter, which is described in detail in Section 2.4, is one where
we convert one set of units into another set of units using a method called dimensional
analysis.

If you follow our approach of Analysis and Assembling the Tools, the nature of the
types of calculations involved should become apparent. As you will see, some problems
involve both kinds of calculations.

Converting among Temperature Scales

Thermal pollution, the release of large amounts of heat into rivers and other bodies of
water, is a serious problem near power plants and can affect the survival of some species of
fish. For example, trout will die if the temperature of the water rises above approximately
25 °C. (a) What is this temperature in °F? (b) Rounded to the nearest whole degree unit,
what is this temperature in kelvins?

® Analysis: Both parts of the problem here deal with temperature conversions. Therefore,
we ask ourselves, “What tools do we have that relate temperature scales to each other?” We
have just seen two of these tools.

m Assembling the Tools: The first tool, Equation 2.2, relates Fahrenheit temperatures to
Celsius temperatures, so this is the tool we need to answer part (a).

9°F

tp =|—— |t +32°F

(25
Equation 2.3 relates Kelvin temperatures to Celsius temperatures, so this is the tool we
need for part (b).

1K
Ty = (tc +273.15) °C|—
)

m Solution:

Part (a): We substitute the value of the Celsius temperature (25 °C) for #c and calculate
the answer

(25 °C)+32°F

5 °C

=45°F+32°F=77°F

[90F
="+

Therefore, 25 °C = 77 °E (Notice that we have canceled the unit °C in the equation
above.)

Part (b): Once again, we have a simple substitution. Since 7z = 25 °C, the Kelvin tem-
perature (rounded) is calculated as

T = (25°C+273°C)[ 1K ]

1°C

=298K

=298 °C <

1K
10

Thus, 25 °C = 298 K.
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m Are the Answers Reasonahble? For part (a), we know that a Fahrenheit degree is about
half the size of a Celsius degree, so 25 Celsius degrees should be about 50 Fahrenheit
degrees. The positive value for the Celsius temperature tells us we have a temperature
above the freezing point of water. Since water freezes at 32 °F the Fahrenheit temperature
should be approximately 32 °F + 50 °F = 82 °E The answer of 77 °F is quite close.

For part (b), we recall that 0 °C = 273 K. A temperature above 0 °C must be higher
than 273 K. Our calculation, therefore, appears to be correct.

2.3 | What Fahrenheit temperature corresponds to a Celsius temperature of 86 °C? (Hint:
What tool relates these two temperature scales?)

2.4 | What Celsius temperature corresponds to 50 °F? What Kelvin temperature corre-
sponds to 68 °F (expressed to the nearest whole kelvin unit)?

Practice Exercises

2.3 | The Uncertainty of Measurements

We noted in the preceding section that measurements are inexact; they contain uncertain-
ties (also called errors). One source of uncertainty is associated with limitations in our
ability to read the scale of the measuring instrument. Uncontrollably changing conditions
at the time of the measurement can also cause errors that are more important than scale-
reading errors. For example, if you are measuring a length of wire with a ruler, you may
not be holding the wire perfectly straight every time.

If we were to take an enormous number of measurements using appropriately adjusted
instruments, statistically half of the measurements should be larger and half smaller than
the true value of the measured quantity. In fact, we do observe that a repetitive series of
measurements tends to give results that cluster around a central value, which we generally
assume is close to the true value. We can estimate the central value quite simply by report-
ing the average, or mean, of the series of measurements. This is done by summing the
measurements and then dividing by the number of measurements we made. Although
making repeated measurements is tedious, the more measurements we make, the more
confident we can be that the average is close to the true value.

Uncertainties in Measurements

One kind of error that cannot be eliminated arises when we attempt to obtain a measure-
ment by reading the scale on an instrument. Consider, for example, reading the same
temperature from each of the two thermometers in Figure 2.12.

The marks on the left thermometer are one degree apart, and we can see that the tem-
perature lies between 24 °C and 25 °C. When reading a scale, we always record the last
digit to the nearest tenth of the smallest scale division. Looking closely, therefore, we
might estimate that the fluid column falls about 3/10 of the way between the marks for 24
and 25 degrees, so we can report the temperature to be 24.3 °C. However, it would be
foolish to say that the temperature is exacrly 24.3 °C. The last digit is only an estimate, and
the left thermometer might be read as 24.2 °C by one observer or 24.4 °C by another.
Because different observers might obtain values that differ by 0.1 °C, there is an uncer-
tainty of £0.1 °C in the measured temperature. We can express this by writing the tem-
perature as 24.3 £ 0.1 °C.

The thermometer on the right has marks that are 1/10 of a degree apart, which allows us
to estimate the temperature as 24.32 °C. In this case, we are estimating the hundredths place
and the uncertainty is £0.01 °C. We could write the temperature as 24.32 £+ 0.01 °C.
Notice that because the thermometer on the right is more finely graduated, we are able to
obtain measurements with smaller uncertainties. We would have more confidence in tem-
peratures read from the thermometer on the right in Figure 2.12 because it has more digits
and a smaller amount of uncertainty. The reliability of a measurement is indicated by the
number of digits used to represent it.

Figure 2.12 | Thermometers
with different scales give
readings with different
precision. The thermometer

on the left has marks that are one

degree apart, allowing the
temperature to be estimated to
the nearest tenth of a degree. The
thermometer on the right has
marks every 0.1 °C. This scale
permits estimation of the

hundredths place.
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Counting significant figures

By convention in science, all digits in a measurement up to and including the first esti-
mated digit are recorded. If a reading measured with the thermometer on the right seemed
exactly on the 24 °C mark, we would record the temperature as 24.00 °C, not 24 °C, to
show that the thermometer can be read to the nearest 1/100 of a degree.

Modern laboratory instruments such as balances and meters often have digital displays.
If you read the mass of a beaker on a digital balance as 65.23 grams, everyone else observ-
ing the same beaker will see the same display and obtain exactly the same reading. There
seems to be no uncertainty, or estimation, in reading this type of scale. However, scientists
agree that the uncertainty is +1/2 of the last readable digit. Using this definition our digi-
tal reading may be written as 65.230 £ 0.005 grams.’

Significant Figures

The concepts discussed above are so important that we have special terminology to
describe numbers that come from measurements.

Digits that result from a measurement such that only the digit farthest to the right is not
known with certainty are called significant figures (or significant digits).

The number of significant figures in a measurement is equal to the number of digits
known for sure plus one that is estimated. Let’s look at our two temperature measurements:

This digit has some This digit has some
uncertainty uncertainty
24.3°C 24.32°C
These two digits These three digits
are known for sure are known for sure

The first measurement, 24.3 °C, has three significant figures; the second, 24.32 °C, has
four significant figures.

When Are Zeros Significant?

Usually, it is simple to determine the number of significant figures in a measurement; we
just count the digits. Thus 3.25 has three significant figures and 56.205 has five of them.
When zeros are in the middle of a number, imbedded zeros, they are always significant,
but when they come at the beginning or the end of a number they sometimes cause
confusion.

Trailing zeros are always counted as significant if the number has a decimal point. Thus,
4.500 m and 630.0 g have four significant figures each because the zeros would not be
written unless those digits were known to be zeros.

Zeros to the left of the first nonzero digit, called leading zeros, are never counted as signifi-
cant. For instance, a length of 2.3 mm is the same as 0.0023 m. Since we are dealing with
the same measured value, its number of significant figures cannot change when we change
the units. Both quantities have two significant figures.

Zeros on the end of a number that does not have a decimal point are assumed not to be sig-
nificant. For example, suppose you were told that a protest march was attended by 45,000
people. If this was just a rough estimate, it might be uncertain by as much as several
thousand, in which case the value 45,000 represents just two significant figures, since the
“5” is the uncertain digit. None of the zeros would then count as significant figures. On
the other hand, suppose the protesters were carefully counted using an aerial photograph,
so that the count could be reported to be 45,000—give or take about 100 people. In this

>Some instructors may wish to maintain a uniform procedure of assigning an uncertainty of £1 in the last
readable digit for both analog and digital scale readings.
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case, the value represents 45,000 = 100 protesters and contains three significant figures,
with the uncertain digit being the zero in the hundreds place. Thus, a simple statement
such as “there were 45,000 people attending the march” is ambiguous. We can't tell how
many significant digits the number has from the number alone. We can be sure that the
nonzero digits are significant, though. The best we can do is to say “45,000 has ar least two
significant figures.”

We can avoid this confusion by using scientific notation when we report a measure-
ment. For example, if we want to report the number of protesters as 45,000 give or take
a thousand, we can write the rough estimate as 4.5 x 10%. The 4.5 shows the number of
significant figures and the 107 tells us the location of the decimal. The value obtained
from the aerial photograph count, on the other hand, can be expressed as 4.50 X 104,
This time the 4.50 shows three significant figures and an uncertainty of +0.01 x 10 or
£100 people.

Accuracy and Precision

Two words often used in reference to measurements are accuracy and precision.
Accuracy refers to how close a measurement is to the true or the accepted true value. Preci-
sion refers to how close repeated measurements come to their average. Notice that the two
terms are not synonyms, because the average doesn’t always correspond to the true or
correct value. A practical example of how accuracy and precision differ is illustrated in
Figure 2.13.

For measurements to be accurate, the measuring device must be carefully calibrated
(adjusted) with a standard reference so it gives correct readings. For example, to calibrate
an electronic balance, a known reference mass is placed on the balance and a calibration
routine within the balance is initiated. Once calibrated, the balance will give accurate
readings, the accuracy of which is determined by the quality of the standard mass used.
Standard reference masses, often “traceable” to the international prototype kilogram in
Paris, can be purchased from scientific supply companies.

Precision refers to how closely repeated measurements of the same quantity come to
each other. In general, the smaller the uncertainty (i.c., the “plus or minus” part of the
measurement), the more precise the measurement. This translates as: The more significant
figures in a measured quantity, the more precise the measurement.

We usually assume that a very precise measurement is also of high accuracy. We can be
wrong, however, if our instruments are improperly calibrated. For example, the improp-
etly marked ruler in Figure 2.14 might yield measurements that vary by a hundredth of a
centimeter (£0.01 cm), but all the measurements would be too large by 1 cm—a case of
good precision but poor accuracy.

Ton 2‘\“"\"5\““\““‘1\““\“%\‘ Figure 2.14 | An improperly marked ruler. This

improperly marked ruler will yield measurements that are

each wrong by one whole unit. The measurements might be

How accurate would measurements
be with this ruler?

precise, but the accuracy would be very poor.

Significant Figures in Calculations

When several measurements are obtained in an experiment they are usually combined in
some way to calculate a desired quantity. For example, to determine the area of a rectan-
gular carpet we require two measurements, length and width, which are then multiplied
to give the answer we want. To get some idea of how precise the area really is, we need a
way to take into account the precision of the various values used in the calculation. To
make sure this happens, we follow certain rules according to the kinds of arithmetic being
performed.

Golfer 1:
Precise
inaccurate

Golfer 2:
Imprecise
inaccurate

Golfer 3:
Accurate
precise

Figure 2.13 | The difference
hetween precision and accuracy
in the game of golf. Golfer 1 hits
shots that are precise (because they
are tightly grouped), but the
accuracy is poor because the balls
are not near the target (the “true”
value). Golfer 2 needs help. His
shots are neither precise nor
accurate. Golfer 3 wins the prize
with shots that are precise (tightly
grouped) and accurate (in the hole).
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%EELE

Significant figures:
multiplication and division

'?'B:LE

Significant figures:
addition and subtraction

'?'B:LE

Significant figures:
exact numbers

Multiplication and Division

For multiplication and division, the number of significant figures in the answer should not be
greater than the number of significant figures in the least precise measurement. The least pre-
cise measurement is the number with the fewest significant figures. Let’s look at a typical
problem involving some measured quantities.

3 sig. figures 4 sig. figures
14 x 2.751
314 <2751 4
0.64
2 sig. figures

The result displayed on a calculator® is 13.49709375. However, the least precise factor,
0.64, has only two significant figures, so the answer should have only two. The correct
answer, 13, is obtained by rounding off the calculator answer.” When we multiply and
divide measurements, the units of those measurements are multiplied and divided in the
same way as the numbers.

Addition and Subtraction

For addition and subtraction, the answer should have the same number of decimal places as the
quantity with the fewest number of decimal places. As an example, consider the following
addition of measured quantities.

3.247
41.36
+125.2  «— (This number has only 1 decimal place.)

169.8 «— (This answer has been rounded to 1 decimal place.)

In this calculation, the digits beneath the 6 and the 7 are unknown; they could be any-
thing. (They’re not necessarily zeros because if we knew they were zeros, then zeros would
have been written there.) Adding an unknown digit to the 6 or 7 will give an answer that’s
also unknown, so for this sum we are not justified in writing digits in the second and third
places after the decimal point. Therefore, we round the answer to the nearest tenth. We
must also recall that we can only add and subtract numbers that have identical units, and
the answer will have the same units.

Exact Numbers

Numbers that come from definitions, such as 12 in. = 1 ft, and those that come from
a direct count, such as the number of people in a small room, have no uncertainty, and
we can assume that they have an infinite number of significant figures. Therefore, exact
numbers do not affect the number of significant figures in multiplication or division
calculations.

®Calculators usually give too many significant figures. An exception is when the answer has zeros at the right
that are significant figures. For example, an answer of 1.200 is displayed on most calculators as 1.2. If the
zeros belong in the answer, be sure to write them down.

7When we wish to round off a number at a certain point, we simply drop the digits that follow if the first of
them is less than 5. Thus, 8.1634 rounds to 8.16 if we wish to have only two decimal places. If the first digit
after the point of round off is larger than 5, or if it is 5 followed by other nonzero digits, then we add 1 to the
preceding digit. Thus 8.167 and 8.1653 both round to 8.17. Finally, when the digit after the point of round
offis a 5 and no nonzero digits follow the 5, then we drop the 5 if the preceding digit is even and add 1 if it is
odd. Thus, 8.165 rounds to 8.16 and 8.17500 rounds to 8.18.



2.5 | Perform the following calculations involving measurements and round the results
so they have the correct number of significant figures and proper units. (Hinz: Apply the
rules for significant figures described in this section, and keep in mind that units behave
as numbers do in calculations.)

(a) 21.0233g+21.0g

(b) 10.0324 g+ 11.7 mL

© 14.25cm x12.334 cm

(2.223cm —1.04 cm)

2.6 | Perform the following calculations involving measurements and round the results so
that they are written to the correct number of significant figures and have the correct units.

(@) 32.02mL — 2.0 mL
(b) 54.183 g —0.0278 ¢
(0 10.0g+1.03g+0.243 g

(d) 43.4in.x 11&

2 1in.
1.03mx2.074mx3.9m
12.46m+4.778 m

(e)
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Practice Exercises

2.4 |Dimensional Analysis

Earlier we mentioned that for numerical problems we often do not have a specific equa-
tion to solve; instead, all we need to do is convert one set of units to another. After analyz-
ing the problem and assembling the necessary information to solve it, scientists usually
use a technique commonly called dimensional analysis (also called the factor-label method) to
help them perform the correct arithmetic. As you will see, often this method also helps in
analyzing the problem and selecting the tools needed to solve it.

Conversion Factors

In dimensional analysis we treat a numerical problem as one involving a conversion of
units (the dimensions) from one kind to another. To do this we use one or more conversion
factors to change the units of the given quantity to the units of the answer.

(given quantity) X (conversion factor) = (desired quantity)

A conversion factor is « fraction formed from a valid equality or equivalence between units
and is used to switch from one system of measurement and units to another. To illustrate, sup-
pose we want to express a person’s height of 72.0 inches in centimeters. To do this we need
the relationship between the inch and the centimeter. We can obrtain this from Table 2.3:

2.54 cm = 1 in. (exactly) (2.4)

If we divide both sides of this equation by 1 in., we obtain a conversion factor.

2.54cm 1)'4{ _

lin. _ﬁ_

Notice that we have canceled the units from both the numerator and denominator of the
center fraction, leaving the first fraction equaling 1. As mentioned eatlier, units behave

1

M To construct a valid conversion
factor, the relationship between the
units must be true. For example,

the statement 3 ft = 41 in. is

false. Although you might make

a conversion factor out of it, any
answers you would calculate are sure
to be wrong. Correct answers require
correct relationships between units.
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M The relationship between the inch
and the centimeter is exact, so that
the numbers in 1 in. = 2.54 cm
have an infinite number of significant
figures.

Example 2.3

Just as numbers do in mathematical operations; this is a key part of dimensional analysis.
Let’s see what happens if we multiply 72.0 inches, the height that we mentioned, by this
fraction.

254em _ 163 m

1id.

(given quantity) X (conversion factor) = (desired quantity)

72.0 i, x 25

Because we have multiplied 72.0 in. by something that is equal to 1, we know we
haven’t changed the magnitude of the person’s height. We have, however, changed the
units. Notice that we have canceled the unit inches. The only unit left is centimeters,
which is the unit we want for the answer. The result, therefore, is the person’s height in
centimeters.

One of the benefits of dimensional analysis is that it often lets you know when you have
done the wrong arithmetic. From the relationship in Equation 2.4, we can actually
construct two conversion factors:

2.54 cm 1in.
- and ——
1in. 2.54 cm

We used the first one correctly, but what would have happened if we had used the second
by mistake?
72.0 in.x—-" 28 3in2/em
2.54 cm

In this case, none of the units cancel. We get units of in.?/cm because inches times inches
is inches squared. Even though our calculator may be very good at arithmetic, we've got
the wrong answer. Dimensional analysis lets us know we have the wrong answer because the
units are wrong!

We will use dimensional analysis extensively throughout this book to aid us in setting
up the proper arithmetic in problems. In fact, we will see that in many cases this approach
also helps us assemble the information we need to solve a problem.

There is a general strategy for all problems that involve a conversion. We always start
with a given piece of data along with its units. Then we write down the desired units that
we want the answer to have. This gives us the start and end points of our calculation.
Then, all we need to do is find the correct conversion factors that will lead us from one set
of units to the next. Sometimes this will require one conversion factor, other times it may
take two or three (or more!) to complete the conversion. The next examples illustrate this
process.

Dimensional Analysis Applied to Metric Prefixes

Convert 3.25 m to millimeters (mm).

m Analysis: We are asked to convert a number with meter units to another number that
has millimeter units. This is a problem that involves conversion of metric prefixes.

= Assembling the Tools: To solve this problem, our tool will be a conversion factor that
relates the unit meter to the unit millimeter. From Table 2.4, the table of decimal multipli-
ers, the prefix “milli” means “x 1072,” so we can write

Il mm=10"3m

I I Notice that this relationship
connects the units given to the units desired.



We now have all the information we need to solve the problem.

m Solution: Based on the general strategy for conversion problems, let’s write the given
quantity (with its units) on the left and the units of the desired answer on the right.

3.25m =?mm
From the relationship above, we can form two conversion factors.

1 mm 10%m

an
10%m 1 mm

We know we have to cancel the unit meter, so we need to multiply by a conversion factor
with this unit in the denominator. Therefore, we select the one on the left as our tool. This
gives

3.25 1 x M 355 % 10° mm

1073 m

Notice that we have expressed the answer to three significant figures because that is how
many there are in the given quantity, 3.25 m. The equality that relates meters and milli-
meters involves exact numbers because it is a definition.

m|s the Answer Reasonabhle? We know that millimeters are much smaller than meters,
s0 3.25 m must represent a lot of millimeters. We also know that conversions between
prefixes will not change the 3.25 part of our number, just the power of 10. Our answer,
therefore, makes sense.
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Example 2.4

Using Dimensional Analysis

A liter, which is slightly larger than a quart, is defined as 1 cubic decimeter (1 dm?). How
many liters are there in exactly 1 cubic meter (1 m?)?

® Analysis: Let’s begin once again by stating the problem in equation form.
Im’>=2L

Now we will use this to identify what relationships we will need to solve the problem. We
don’t have any direct conversions between cubic meters and liters. There was, however, a
definition of the liter in terms of base metric units that we can combine with metric pre-
fixes to do the job.

= Assembling the Tools: The relationship between liters and cubic decimeters was given
in Equation 2.1,

1L=1dm?

From the table of decimal multipliers, we also know the relationship between decimeters
and meters,

1dm=0.1m

but we need a relationship between cubic units. Since units undergo the same kinds of
operations numbers do, we simply cube each side of this equation (being careful to cube
both the numbers and the units).

(1 dm)? = (0.1 m)?
1dm? =0.001 m? (2.5)
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Notice how Equations 2.5 and 2.1 provide a path from the given units to those we seek.
Such a path is always a necessary condition when we work with dimensional analysis.

3 dm3 Equation 2.1 L

m Equation 2.5

Now we are ready to solve the problem.

m Solution: The first step is to eliminate the units m?. We use Equation 2.5.

3
1t se— 141600 dm?

0.001 >

Then we use Equation 2.1 to take us from dm? to L.

1000 dii® x—— —1000L

1 dm?®

Thus, 1 m®> = 1000 L.

Usually, when a problem involves the use of two or more conversion factors, they can
be “strung together” in a “chain calculation” to avoid having to compute intermediate
results. For example, this problem can be set up as follows.

1 din® 1L
1 ot x x —1000L
0.001 a1 din?

Since all of our conversion factors involve exact numbers and we were given exactly one
cubic meter, our answer is an exact number also.

m|s the Answer Reasonable? One liter is about a quart. A cubic meter is about a cubic
yard. Therefore, we expect a large number of liters in a cubic meter, so our answer seems
reasonable. (Notice here that in our analysis we have approximated the quantities in the
calculation in units of quarts and cubic yards, which may be more familiar than liters and
m? if you've been raised in the United States. We get a feel for the approximate magni-
tude of the answer using our familiar units and then relate this to the actual units of the
problem.)

Example 2.5
Applying Dimensional Analysis to Non-S| Units

Some mountain climbers are susceptible to high altitude pulmonary edema (HAPE), a
life-threatening condition that causes fluid retention in the lungs. It can develop when a
person climbs rapidly to heights greater than 2.5 x 10° meters (2,500 m). What is this
distance expressed in feet?

® Analysis: The problem can be stated as
25%10°m="2ft

We are converting a metric unit of length (the meter) into an English unit of length (the
foot). Since Table 2.3 does not have a relationship between feet and meters this is obviously
not a one-step conversion, let’s develop a sequence of conversions by looking at the units
we can convert. One sequence may be:

2.5 x 10> m —— centimeters inches feet

and if we consult the inside back cover of this book we find the conversion factor 1 yard =
0.9144 meters, so another multistep sequence could be

2.5 x 10° m —— yards —— feet

We will choose the first sequence for this example.



m Assembling the Tools: The tools we will need can be found by looking in the
appropriate tables as shown.

lcm =102 m (from Table 2.4)
1in. = 2.54 cm (from Table 2.3)
1 ft=12.in.

= Solution: Now we apply dimensional analysis by following our planned sequence of
eliminating unwanted units to bring us to the units of the answer.

1 cm y 1id. L fe
1072 s 2.54 cm 12 id.

Notice that if we were to stop after the first conversion factor, the units of the answer
would be centimeters. If we stop after the second, the units would be inches, and after the
third we get feet—the units we want. This time the answer has been rounded to two sig-
nificant figures because that’s how many there were in the measured distance. Notice that
the numbers 12 and 2.54 do not affect the number of significant figures in the answer
because they are exact numbers derived from definitions.

As suggested in the analysis, this is not the only way we could have solved this problem.
Other sets of conversion factors could have been chosen. For example, we could have fol-
lowed the second sequence of conversions and used: 1 yd = 0.9144 m and 3 ft = 1 yd.
Then the problem would have been set up as follows:

2.5%10% i x —8.2x10% ft

1
2500 ;76 X N X 3t =8200ft (rounded correctly)

0.9144 m 1yd

Many problems that you meet, just like this one, have more than one path to the answer.
There isnt necessarily any one correct way to set up the solution. The important thing is for you
10 be able to reason your way through a problem and find some set of relationships that can take you
Jfrom the given information ro the answer. Dimensional analysis can help you search for these
relationships if you keep in mind the units that must be eliminated by cancellation.

m |s the Answer Reasonable? Let’s do some approximate arithmetic to get a feel for the
size of the answer. A meter is slightly longer than a yard, so let’s approximate the given
distance, 2500 m, as 2500 yd. In 2500 yd, there are 3 x 2500 = 7500 ft. Since the meter
is a bit longer than a yard, our answer should be a bit longer than 7500 ft, so the answer
of 8200 ft seems to be reasonable.

2.7 | Use dimensional analysis to convert an area of 124 ft® to square meters. (Hint: What
relationships would be required to convert feet to meters?)

2.8 | Use dimensional analysis to perform the following conversions: (a) 3.00 yd to inches,
(b) 1.25 km to centimeters, (c) 3.27 mm to feet, (d) 20.2 miles/gallon to kilometers/liter.
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Practice Exercises

Equivalencies

Up to now we've constructed conversion factors from relationships that are literally equalities.
We can also make conversion factors from expressions that show how one thing is equivalent
to another. For instance, if you buy a pair of sneakers for $75, we can say you converted $75
into a pair of sneakers or $75 is equivalent to a pair of sneakers. We would write this as

$75 < 1 pair of sneakers

where the symbol < is read as “is equivalent to.” Mathematically, this equivalence sign
works the same as an equal sign and we can construct two conversion factors as

$75 1 pair of sneakers

or

1 pair of sneakers $75

that allow us to convert from sneakers to dollars or from dollars to sneakers.
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Example 2.6

Let’s now look at a problem that has a direct relationship to the chemistry we are study-
ing. In Chapter 1 we learned that Dalton’s atomic theory predicted the law of multiple pro-
portions. The basic idea of this law is that two elements often can form two different
compounds. If we take samples of the two compounds so that the mass of one of the ele-
ments in those samples is the same, then the mass ratio of the other element in the two
samples will be a ratio of small whole numbers. It is experimentally difficult, or very
inconvenient, to obtain sample masses suggested above. However, if we analyze each sam-
ple for the elemental composition, we can perform a calculation that will illustrate the law
of multiple proportions. Let’s see how this works by working through Example 2.6.

Applying the Law of Multiple Proportions

B The equivalence symbol,
&, acts just like an equal sign.

W A mathematically equivalent
method is to take the ratio of the
masses of the elements in the

two compounds, ratio, and ratioy,.

Then take the ratio of those

ratios, ™t to obtain the ratio of
ratioy,

small whole numbers.

Titanium forms two different compounds with bromine. In compound A we find that
4.787 g of Ti are combined with 15.98 g of bromine. In compound B we find that 6.000 g
of Ti are combined with 40.06 g of bromine. Determine whether these data support the
law of multiple proportions.

® Analysis: We need to set up a situation where we have the same mass of one of the
elements in samples of the two compounds, and then take the corresponding ratio of the
masses of the other element. For this example, let’s assume that we select samples so that

we have 6.000 g of Ti in compound A and 6.000 g of Ti in compound B.

= Assembling the Tools: We will need to use the law of definite proportions to relate the
amounts in the two compounds. We set up the two equivalencies we may need using the
composition of each substance:

In compound A:  4.787 g Ti < 15.98 g Br
In compound B:  6.000 g Ti < 40.06 g Br

m Solution: We decided in the Analysis to compare the two compounds when samples of
them each had 6.000 g of titanium. Our initial data shows that compound B was given
to us with 6.000 g of Ti. However, the sample of compound A had only 4.787 g of Ti.
We need to determine how much bromine will be present if a sample of compound A has
6.000 g of Ti. To do this we convert 6.000 g of Ti in compound A to the equivalent mass
of Br using the conversion factor from the compound A data. We start by writing this

question as an equation,
6.000gTi< ?gBr (in compound A)

then we apply the conversion factor for compound A to get the solution,

6.000 ﬁxi”ﬂ —20.03 gBr

We now know that 6.000 g of Ti combine with 20.03 g of Br in compound A, and we
were given information that 6.000 g of Ti combine with 40.06 g of Br in compound B.
Taking the ratio of bromine in the two compounds, we get

20.03 1

40.06 2

40.06 2

20.03 1

Either of these is a ratio of small whole numbers. This verifies the law of multiple
proportions.

m|s the Answer Reasonable? The fact that our ratio gave us whole numbers is usually
sufficient to consider the answer reasonable.
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2.9 | Density and Specific Gravity

In our earlier discussion of properties we noted that intensive properties are useful for
identifying substances. One of the interesting things about extensive properties is that if
you take the ratio of two of them, the resulting quantity is usually independent of sample
size. In effect, the sample size cancels out and the calculated quantity becomes an intensive
property. A useful property obtained this way is density, which is defined as the ratio of an
object’s mass to its volume. Using the symbols  for density, 7 for mass, and V for volume,
we can express this mathemartically as

d= (2.6)

<3

Notice that to determine an object’s density we make two measurements, mass and volume.

'?'.\Egms

Density

Example 2.7

Calculating Density

A sample of blood completely fills an 8.20 cm? vial. The empty vial has a mass of 10.30 g.
The vial has a mass of 18.91 g after being filled with blood. What is the density of blood
in units of g/cm??

® Analysis: This problem asks you to connect the mass and volume of blood with its
density. We are given the volume of the blood but not its mass. However, we are given
information that allows us to calculate the mass. Once we have the mass and volume, we
can use the definition of density to solve the problem.

m Assembling the Tools: The law of conservation of mass is one tool we need. It can be
stated as follows:

mass of full vial = mass of empty vial + mass of blood
The other tool needed is the definition of density, given by Equation 2.6.

m Solution: The mass of the blood is the difference between the masses of the full and
empty vials:

mass of blood = 18.91 g — 10.30 g=8.61¢g

To determine the density we simply take the ratio of mass to volume.

density = 2 = _8.60lg

v 820w 0ogem”

This could also be written as density = 1.05 g/mL, because 1 cm® = 1 mL.

m|s the Answer Reasonable? First, the answer has the correct units, so that’s encourag-
ing. In the calculation we are dividing 8.61 by a number that is slightly smaller, 8.20. The
answer should be slightly larger than one, which it is, so a density of 1.05 g/cm® seems
reasonable.

Each pure substance has its own characteristic density (Table 2.5). Gold, for instance,
is much more dense than iron. Each cubic centimeter of gold has a mass of 19.3 g, so its
density is 19.3 g/cm®. The same volume of iron will weigh 7.86 g and have a density of
7.86 g/cm?®. By comparison, the density of water is 1.00 g/cm?, and the density of air at
room temperature is about 0.0012 g/cm?.

M There is more mass in 1 cm? of gold
than in 1 cm?3 of iron.
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Table 2.5

Water

Aluminum

Iron
Silver
Gold
Glass
Air

M Although the density of water
varies slightly with temperature, it
is very close to 1.00 g/cm?® when
the temperature is close to room
temperature, 25 °C.

Example 2.8

Densities of Some Common
Substances in g/cm3

Density of Water as a Function

Table2.6 I3 Temperature

at Room Temperature Temperature (°C) Density (g/cm®)
1.00 10 0.999700
2.70 15 0.999099
7.86 20 0.998203
10.5 25 0.997044
19.3 30 0.995646
2.2 50 0.988036
0.0012 100 0.958364

Most substances, such as the fluid in the bulb of a thermometer, expand slightly when
they are heated, so the amount of matter packed into each cubic centimeter is less.
Therefore, density usually decreases slightly with increasing temperature.® For solids and
liquids the size of this change is small, as you can see from the data for water in Table 2.6.
When only two or three significant figures are required, we can often ignore the variation
of density with temperature.

Density as a Conversion Factor

A useful property of density is that it provides a way to convert between the mass and
volume of a substance. It defines a relationship, which we previously called an equivalence,
between the amount of mass and its volume. For instance, the density of gold (19.3 g/cm?)
tells us that 19.3 g of the metal is equivalent to a volume of 1.00 cm?. We express this
relationship symbolically as

19.3 g gold < 1.00 cm® gold

where we have used the symbol < to mean “is equivalent to.” In setting up calculations for
dimensional analysis, an equivalence can be used to construct conversion factors just as equal-
ities can. From the equivalence we have just written, we can form two conversion factors:

19.3 g gold and 1.00 cm? gold
1.00 cm? gold 19.3 g gold

The following example illustrates how we use density in calculations.

Calculations Using Density

Seawater has a density of about 1.03 g/mL. (a) What mass of seawater would fill a sampling
vessel to a volume of 225 mL? (b) What is the volume, in milliliters, of 45.0 g of seawater?

m Analysis: For both parts of this problem, we are relating the mass of a material to its
volume. We have recently found that density provides a direct relationship between mass
and volume, so this should be a one-step conversion.

8Liquid water behaves oddly. Its maximum density is at 4 °C, so when water at 0 °C is warmed, its density
increases until the temperature reaches 4 °C. As the temperature is increased further, the density of water
gradually decreases.
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= Assembling the Tools: Density, Equation 2.6, is the only tool that we need to convert
between these two quantities. We write the equivalence for this problem as

1.03 g seawater <> 1.00 mL seawater

From this relationship we can construct two conversion factors. These will be the tools we
use to obtain the answers.

1.03 g seawater an 1.00 mL seawater

1.00 mL seawater 1.03 g seawater

m Solution to (a): The question can be restated as:
225 mL seawater < ? g seawater

We need to eliminate the unit mL seawater, so we choose the conversion factor on the left
as our tool.

1.03 g seawater

225 WX = 232 g seawater
1.00 mL seawater

Thus, 225 mL of seawater has a mass of 232 g.

m Solution to (b): The question is: 45.0 g seawater <> ? mL seawater. This time we need
to eliminate the unit g seawater, so we use the conversion factor on the right as our tool.

W X 1.00 ml seawater _ = 43.7 mL seawater

IOBW

Thus, 45.0 g of secawater has a volume of 43.7 mL.

m Are the Answers Reasonahle? Notice that the density tells us that 1 mL of seawater
has a mass of slightly more than 1 g. Thus, for part (a), we might expect that 225 mL of
seawater should have a mass slightly more than 225 g. Our answer, 232 g, is reasonable.

For part (b), 45 g of seawater should have a volume not too far from 45 mL, so our answer
of 43.7 mL is the right size.

29/A gold-colored metal object has a mass of 365 g and a volume of 22.12 cm®. Is the Practice Exercises
object composed of pure gold? (Hint: How does the density of the object compare with

that of pure gold?)

2.10| A certain metal alloy has a density of 12.6 g/cm®. How many pounds would

0.822 ft’ of this alloy weigh? (Hinz: What is the density of this alloy in units of 1b/ft*?)

2.11 | An ocean-dwelling dinosaur was estimated to have had a body volume of 1.38 X

10° cm?®. The animal’s mass when alive was estimated at 1.24 x 10° kg. What was its density?

2.12 | The density of diamond is 3.52 g/cm®. What is the volume in cubic centimeters of

a 1.125 carat diamond, which has a mass of 225 mg?

Specific Gravity

Density is the ratio of mass to volume of a substance. We used units of grams for the mass
and cubic centimeters for the volume in our examples. This is entirely reasonable since
most liquids and solids have densities between 0.5 and 20 g/cm?. There are many different
units for mass. Kilograms, grams, micrograms, pounds, ounces, and drams come to mind,
and there are undoubtedly more. Volume also has many possible units: cm?, liters, ounces,
gallons, and so on. From those listed, there are 30 different possible ratios of mass and
volume units for density. Many professions have their own preferred units for density and

53
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CHEMISTRY OUTSIDE THE CLASSROOM ‘ 2 1 the higher the sugar content. Vintners use a simple device called
" a hydrometer. The hydrometer is a weighted glass bulb with a
Del’]SIty and WII’]e graduated stem. Placed in a liquid and given a slight spin the

hydrometer will stay centered in the graduated cylinder and sink
to a level that is proportional to the density. After the density is
read from the hydrometer scale, the vintner consults a calibration
chart to find the corresponding sugar content.

Once the fermentation ends, the alcohol content must also
be determined. Again, this is done by measuring the density. To
do this, a sample of wine is distilled by heating it to boiling and
condensing the alcohol and water that are vaporized. When the
required amount of liquid has been condensed, its density is
determined using another hydrometer. Using calibration tables,
the density reading is converted into the percentage alcohol.

Density, or specific gravity,
is one of the basic measure-
ments in the wine making
process. The essential chem-
ical reaction is that yeast
cells feed on the sugars
in the grape juice and one
of the products is ethanol
(ethyl alcohol) and the other
product is carbon dioxide.
This is the fermentation pro-

cess. The two main sugars in  (Steve Hyde/Flicker/Getty Images, Inc)
grapes are glucose and fruc-
tose. The fermentation reaction for these sugars are

C6H1206(aq)*> 2CH3CH20H (aq) + 2C02(g)

If there is too little sugar the amount of alcohol in the product
will be low. Too much sugar will result in @ maximum amount of
alcohol, about 13%, but there will be leftover sugar. Wines that
are sweet with leftover sugars or low in alcohol are not highly
regarded.

To make high quality wines the natural sugar content of the
grapes is monitored carefully, toward the end of the growing
season. When the sugar content reaches the optimum level the
grapes are harvested, crushed and pressed to start the fermenta-

!J."-: 1 :Ii-l ' F i

!

. Hydrometer used for measuring sugar Hydrometer used for
tion process. ) ) :
) ) content in crushed grapes before measuring alcohol content in
A very quick way to determine the sugar content of the grapes fermentation. (WarrenMcConnaughie/ a distilled wine sample after
is to determine the density of the juice. The higher the density, Alamy) fermentation. (Paul Silverman/

Fundamental Photographs)

would like to see them tabulated in reference books. This would result in each substance
having 30 different densities listed in tables. Imagine the confusion, and the possibility of
repeating the Mars Orbiter mistake becomes very probable.

The concept of specific gravity solves this problem. The specific gravity for a substance is
simply the density of that substance divided by the density of water. The units for the two
densities must be the same so that specific gravity will be a dimensionless number. In addi-
tion other experimental conditions, such as temperature, for determining the two densi-
ties must be the same.

oLs i
*B ey = density of substance 2.7)

density of water

Specific gravity

To use the specific gravity, the scientist simply selects the specific gravity of the desired
substance and then multiplies it by the density of water that has the units desired. Now
we can have a relatively compact table that lists the specific gravity for our chemical sub-
stances and then a second short table of the density of water, perhaps in the 30 different
units suggested above.



2.5 | Density and Specific Gravity 55

Example 2.9

Using Specific Gravity

Concentrated sulfuric acid is sold in bottles with a label that states that the specific gravity
at 25 °C is 1.84. The density of water at 25 °C is 62.4 pounds per cubic foot. How many
cubic feet of sulfuric acid will weigh 55.5 pounds?

m Analysis: We rewrite the question as an equation,
55.5 Ib sulfuric acid = ? ft® sulfuric acid

We saw how to use density to convert mass to volume. The specific gravity needs to be
converted to density units, preferably pounds and cubic feet so that this can be a one-step
conversion.

= Assembling the Tools: We have Equation 2.7 defining specific gravity. We know two of
the variables, and simple algebra will allow us to calculate the density of sulfuric acid. We
will then use the density as a conversion factor as we did in Example 2.7.

m Solution: Rearranging the specific gravity equation we get

density sulfuric acid = (specific gravity) X (density of water) = 1.84 X 62.4 Ib/f¢’
density sulfuric acid = 114.8 Ib/ft®

We now perform the conversion with the conversion factor from the density,

3
55.5 Ib sulfuric acid x L = 0.483 ft3
114.81b

m|s the Answer Reasonahle? We can do some quick estimations. The density seems
correct: since the specific gravity is approximately 2 and the density of water is approxi-
mately 60, an answer near 120 is expected. For the second part, we see that 114 is about
twice the size of 55.5 so we expect an answer of about 0.5. Our answer is very close to that,
suggesting that our answers are reasonable.

Importance of Reliable Measurements

We saw earlier that substances can be identified by their properties. If we are to rely on
properties such as density for identification of substances, it is very important that our
measurements be reliable. We must have some idea of what the measurements’ accuracy
and precision are.

The importance of accuracy is obvious. If we have no confidence that our measured
values are close to the true values, we certainly cannot trust any conclusions that are based
on the data we have collected.

Precision of measurements can be equally important. For example, suppose we had a
gold wedding ring and we wanted to determine whether or not the gold was 24 carat. We
could determine the mass of the ring, and then its volume, and compute the density of
the ring. We could then compare our experimental density with the density of 24 carat
gold (which is 19.3 g/mL). Suppose the ring had a volume of 1.0 mL and the ring had a
mass of 18 g, as measured using a graduated cup measure and a kitchen scale. The density
of the ring would then be 18 g/mL, to the correct number of significant figures. Could we
conclude that the ring was made of 24 carat gold? We know the density to only two sig-
nificant figures, and we compare it to the tabulated densities, also rounded to two signifi-
cant figures. The experimental density could be as low as 17 g/mL or as high as 19 g/mL,
which means the ring could be 24 carat gold—or it could be 22 carat gold (which has a
density of around 17.7 to 17.8 g/mL) or maybe even 18 carat gold (which has a density
up to 16.9 g/mL).

M The carat system for gold states
that pure gold is referred to as 24
carat gold. Gold that is 50% gold by
mass will be 12 carat. Gold that is
less than 24 carats is usually alloyed
with cheaper metals such as silver
and copper.
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Suppose we now measure the mass of the ring with a laboratory balance capable of
measurements to the nearest £0.001 g and obtain a mass of 18.153 g. We measure the
volume using volumetric glassware and find a volume of 1.03 mL. The density is 17.6 g/mL
to the correct number of significant figures. The difference between this density and the
density of 24 carat gold is 19.3 g/mL — 17.6 g/mL = 1.7 g/mL. This is considerably larger
than the uncertainty in the experimental density (which is about 0.1 g/mL). We can be
reasonably confident that the ring is not 24 carat gold, and in fact the measurements point
toward the ring being composed of 22 carat gold.

To trust conclusions drawn from measurements, we must be sure the measurements are
accurate and that they are of sufficient precision to be meaningful. This is a key consider-
ation in designing experiments.

|Summary

Properties of Materials. Physical properties are measured
without changing the chemical composition of a sample. A
physical change doesn’t alter the chemical composition of the
substances involved. Solid, liquid, and gas are the most common
states of matter. The properties of the states of matter can be
related to the different ways the individual atomic-size particles
are organized. A chemical property describes a chemical reac-
tion a substance undergoes. Formation or decomposition of a
compound takes place by a chemical change that changes the
chemical makeup of the substances involved. Intensive proper-
ties are independent of sample size; extensive properties depend
on sample size.

Units of Measurement. Qualitative observations lack
numerical information, whereas quantitative observations re-
quire numerical measurements. The units used for scientific
measurements are based on the set of seven Sl base units, which
can be combined to give various derived units. These all can be
scaled to larger or smaller sized units by applying decimal mul-
tiplying factors. In the laboratory we routinely measure length,
volume, mass, and temperature. Convenient units for length and
volume are, respectively, centimeters or millimeters, and liters
or milliliters. Mass is a measure of the amount of matter in an
object and differs from weight. Mass is measured with a balance
and is expressed in units of kilograms or grams. Temperature
is measured in units of degrees Celsius (or Fahrenheit) using a
thermometer. For many calculations, temperature must be ex-
pressed in kelvins (K). The zero point on the Kelvin temperature
scale is called absolute zero.

T OLS

Significant Figures. The precision of a measured quantity is
expressed by the number of significant figures that it contains,
which equals the number of digits known for sure plus the first
one that possesses some uncertainty. Measured values are precise
if they contain many significant figures and therefore differ from
each other by small amounts. A measurement is accurate if its
value lies very close to the true value. When measurements are
combined in calculations, rules help us determine the correct
number of significant figures in the answer (see below). Exact
numbers are considered to have an infinite number of significant
figures.

Dimensional Analysis. Dimensional analysis (the factor-
label method) is based on the ability of units to undergo the
same mathematical operations as numbers. Conversion factors
are constructed from wvalid relationships between units. These
relationships can be either equalities or equivalencies (indicated
by the symbol < ) between units. Unit cancellation serves as a
guide to the use of conversion factors and aids us in correctly
setting up the arithmetic for a problem.

Density and Specific Gravity. Density is an intensive prop-
erty equal to the ratio of a sample’s mass to its volume. Besides
serving as a means for identifying substances, density provides
a conversion factor that relates mass to volume. Specific gravity
is the ratio of the density of a substance to the density of water
and is a dimensionless quantity. This serves as a convenient way
to have density data available in a large number of mass and
volume units.

TOOIS fOI' PrOb I em S 0 IV' ng The following tools were introduced in this chapter. Study them carefully so you can

select the appropriate tool when needed.

Base Sl units (Table 2.1, page 32)

The eight basic units of the SI system are used to derive the units for all scientific measurements.
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S| prefixes (Table 2.4, page 35)
We use the prefixes to create larger and smaller units. They are also used as conversion factors for converting between differently
sized units. Be sure you are familiar with the ones in bold type in Table 2.4.

Units in laboratory measurements (page 36)

Often we must convert among units commonly used for laboratory measurements.
Length: 1m = 100 cm = 1000 mm
Volume: 1L = 1000 mL = 1000 cm?

Temperature conversions (pages 38 and 39)
Use these equations to convert between temperature scales.

9°F 1K
tp =|——|tc +32°F Ty = (tc +273.15)°C
f [5°C]C+ k=l ) [1°C]

Counting significant figures (page 42)
To gauge the quality of a measurement, we must know the number of significant figures it contains:

* All nonzero digits are significant.

e Zeros between significant digits, imbedded zeros, are significant.

* Zeros to the /eff of the first nonzero digit are never significant.

* Zeros on the end of a number (a) with a decimal point are significant; (b) those without a decimal point are assumed not to be
significant. (To avoid confusion, scientific notation should be used.)

Significant figures: multiplication and division (page 44)
In these operations we round the answer to the same number of significant figures as the least precise factor (i.e. the factor with the
fewest significant figures).

Significant figures: addition and subtraction (page 44)
We round the answer to match the same number of decimal places as the quantity with the fewest number of decimal places.

Significant figures: exact numbers (page 44)
Numbers such as those that arise from definitions do not affect the number of significant figures in the result of a calculation.

Density (page 51)

The density, d, relates mass, 7, and volume, V, for a substance.

d=—
14

Density provides an equivalence between mass and volume, from which we can construct conversion factors to convert between
mass and volume for a substance.

Specific gravity (page 54)
The specific gravity relates the density of a substance to the density of water,

substance

Specific gravity =

‘water

Specific gravity is dimensionless, and when multiplied by the density of water, in the desired units, will give the density of the
substance in those units.




58 Chapter 2 | Scientific Measurements

';l:fs = WileyPLUS, an online teaching and learning solution. Note to instructors: Many of the end-of-chapter problems are available for assign-
ment via the WileyPLUS system. www.wileyplus.com. ILW = An Interactive Learningware solution is available for this problem. OH = An Office
Hour video is available for this problem. Review Problems are presented in pairs separated by blue rules. Answers to problems whose numbers
appear in blue are given in Appendix B. More challenging problems are marked with an asterisk *.

| Review Questions

Physical and Chemical Properties
2.1 Give five examples of physical properties.
2.2 How does a chemical property differ from a physical property?

2.3 Determine whether each of the following is a physical or
chemical change, and explain your reasoning.

(a) Copper conducts electricity.

(b) Gallium metal will melt in your hand.
(c) Bread turns brown in a toaster.

(d) Wine turns to vinegar.

(e) Cement hardens.

24

Determine whether each of the following is a physical or
chemical change, and explain your reasoning.

(a) Kernels of corn are heated to make popcorn.

(b) Molten copper is mixed with molten gold to make an
alloy.

(¢) Heavy cream is mixed vigorously to whipped cream.

(d) Heavy cream is churned to make butter.

(e) Aluminum soda cans are recycled.

Intensive and Extensive Properties

2.5 Distinguish between an extensive and an intensive property.

2.6 Determine whether each of the following is an intensive or
extensive property, and justify your reasoning:

(a) mass (c) color

(b) boiling point (d) physical state

2.7 Determine whether each of the following is an intensive or
extensive property, and justify your reasoning:
(a) melting point
(b) density

(c) volume
(d) surface area

States of Matter

2.8 Describe one or more physical properties of each state
of matter that distinguishes it from the other states of
matter:

(a) gas (b) liquid (c) solid
2.9 At room temperature, what is the state of each of the

following? If necessary, look up the information in a refer-
ence source.

(a) hydrogen () nitrogen

(b) aluminum (d) mercury

OH

2.10 At room temperature, determine the appropriate phase for
each of the following substances. (Look up the substance
in data tables if needed.)

(d) methane

(e) sucrose

(a) potassium chloride
(b) carbon dioxide
(c) ethyl alcohol

2.11 At room temperature, determine the appropriate phase for
each of the following substances. (Look up the substance

in data tables if needed.)
(a) sodium chloride (d) cholesterol
(b) ozone (e) silicon dioxide

(c) Teflon

SI Units
2.12 Why must measurements always be written with a unie?
2.13 What is the only SI base unit that includes a prefix?
2.14 What is the meaning of each of the following prefixes?
(c) kilo

(d) micro

(a) centi (e) nano
(b) milli (f) pico

2.15 What abbreviation is used for each of the prefixes named
in Question 2.14?

2.16 What reference points do we use in calibrating the scale of

(g) mega

a thermometer? What temperature on the Celsius scale do
we assign to each of these reference points?

2.17 In each pair, which is larger: (a) A Fahrenheit degree or
a Celsius degree? (b) A Celsius degree or a kelvin? (c) A
Fahrenheit degree or a kelvin?

Significant Figures; Dimensional Analysis
2.18 Define the term significant figures.
2.19 What is the difference between accuracy and precision?

2.20 Suppose a length had been reported to be 31.24 cm.
What is the minimum uncertainty implied in this
measurement?

2.21 Suppose someone suggested using the fraction 3 yd/1 ft as
a conversion factor to change a length expressed in feet to
its equivalent in yards. What is wrong with this conversion
factor? Can we construct a valid conversion factor relating
centimeters to meters from the equation 1 cm = 1000 m?

Explain your answer.


www.wileyplus.com

2.22 In 1 hour there are 3600 seconds. By what conversion fac-
tor would you multiply 250 seconds to convert it to hours?
By what conversion factor would you multiply 3.84 hours
to convert it to seconds?

2.23 If you were to convert the measured length 4.165 ft to yards
by multiplying by the conversion factor (1 yd/3 ft), how
many significant figures should the answer contain? Why?

| Review Problems

S| Prefixes

2.26 What number should replace the question mark in each of
the following?

(@ lcm=?m d1ldm=?m
(b) 1 km=°m (e) 1g=2kg
() Ilm=2?pm ) leg=12g
2.27 What numbers should replace the question marks below?
(@ Ilnm=?m d 1 Mg=2g¢g
(b) Ipg="2g () Img=2g
() lkg=2¢g (f) 1dg=z2¢g

Temperature Conversions

2.28 Perform the following conversions.
(a) 57°Cto°F (d) 49 °F to °C
(b) 16 °C to °F (e) 62°Cto K
(c) 25.5°Ft0°C f) —31°CwoK

2.29 Perform the following conversions.
(a) 96 °F to °C (d) 273 K to °C
(b) —6 °F to °C (e) 299 Kto°C
() —55°Cto°F (f) 40.0°Ctwo K

2.30 A healthy dog has a temperature ranging from 37.2 °C to
39.2 °C. Is a dog with a temperature of 103.5 °F within
the normal range?

2.31 The coldest permanently in-
habited place on earth is the Siberian village of Oymyakon
in Russia. In 1964 the temperature reached a shivering
—96 °F! What is this temperature in °C?

2.32 Estimates of the temperature at the core of the sun range
from 10 megakelvins to 25 megakelvins. What is this
range in °C and °F?

2.33 Natural gas is mostly methane, a substance that boils at a
temperature of 111 K. What is its boiling point in °C and °F?

2.34 Helium has the lowest boiling point of any liquid. It boils
at 4 K. What is its boiling point in °C?

2.35 The atomic bomb detonated over Hiroshima, Japan, at the
end of World War II raised the temperature on the ground
below to about 6100 K. Is this hot enough to melt con-
crete? (Concrete melts at 2050 °C.)

Review Problems 59

Density
2.24 Write the equation that defines density. Identify the sym-
bols in the equation.

2.25 Silver has a density of 10.5 g cm™. Express this as an
equivalence between mass and volume for silver. Write two
conversion factors that can be formed from this equiva-
lence for use in calculations.

Significant Figures

2.36 How many significant figures do the following measured
quantities have?

(a) 37.53 cm (d) 0.00024 kg
(b) 37.240 cm (e) 0.07080 m
(c) 202.0 g (f) 2400 mL

2.37 How many significant figures do the following measured
quantities have?

(a) 0.0230 g (d) 614.00 mg
(b) 105.303 m (e 10L
(c) 0.007 kg (f) 3.8105 mm

OH 2.38 Perform the following arithmetic and round off the

answers to the correct number of significant figures. Include
the correct units with the answers.

(a) 0.0023 m X 315 m

(b) 84.25 kg — 0.01075 kg

(c) (184.45 g — 94.45 g)/(31.4 mL — 9.9 mL)
(d) (23.4 g + 102.4 g + 0.003 g)/(6.478 mL)
(e) (313.44 cm — 209.1 cm) X 8.2234 cm

2.39 Perform the following arithmetic and round off the
answers to the correct number of significant figures. Include
the correct units with the answers.

(a) 3.58 g/1.739 mL

(b) 4.02 mL + 0.001 mL

(c) 22.4 g — 8.3 g)/(1.142 mL — 0.002 mL)

(d) (1.345 g + 0.022 g)/(13.36 mL — 8.4115 mL)
(e) (74.335 m — 74.332 m)/(4.75 s X 1.114s)

Unit Conversions Using Dimensional Analysis

OH 2.40 Perform the following conversions.

(a) 32.0 dm/s to km/hr
(b) 8.2 mg/mL to pg/L (e) 0.025 L to mL
(c) 75.3 mg to kg (f) 342 pm? to dm?

2.41 Perform the following conversions.
(a) 92 dL to pm? (d) 230 km? to m?
(b) 22 ng to g (e) 87.3 cm 572 to km hr?
(c) 83 pL to nL (f) 238 mm? to nm?

(d)137.5mL o L
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2.42

243

Perform the following conversions. If necessary, refer to
Tables 2.3 and 2.4.
(a) 36 in. to cm (d) 1 cup (8 0z) to mL
(b) 5.0 1b to kg (e) 55 mi/hr to km/hr
(c) 3.0 qt to mL (f) 50.0 mi to km

Perform the following conversions. If necessary, refer to

Tables 2.3 and 2.4.
(a) 250 mL to qt
(b) 3.0 ft tom

(o) 1.62kgto Ib

(d) 1.75 L to fluid oz
(e) 35 km/hr to mi/hr
(f) 80.0 km to mi

244

245

Perform the following conversions.

(a) 8.4 ftocm? (b) 223 mi® to km?
Perform the following conversions.

(@) 2.4 yd*tom? (b) 8.3 in.? to mm?

(c) 231 ft’ to cm?

(©9.1fPtoL

2.46

247

The human stomach can expand to hold up to 4.2 quarts
of food. A pistachio nut has a volume of about 0.9 mL.
Use this information to estimate the maximum number of
pistachios that can be eaten in one sitting.

In the movie Cool Hand Luke (1967), Luke wagers that
he can eat 50 eggs in one hour. The prisoners and guards
bet against him, saying, “Fifty eggs gotta weigh a good six
pounds. A man’s gut can’t hold that.” A peeled, chewed
chicken egg has a volume of approximately 53 mL. If
Luke’s stomach has a volume of 4.2 quarts, does he have
any chance of winning the bet?

248

249

The winds in a hurricane can reach almost 200 miles per
hour. What is this speed in meters per second? (Assume
three significant figures.)

A bullet is fired at a speed of 2435 ft/s. What is this speed

expressed in kilometers per hour?

2.50

2.51

A bullet leaving the muzzle of a pistol was traveling at a
speed of 2230 feet per second. What is this speed in miles
per hour?

On average, water flows over Niagara Falls at a rate of
2.05 X 10° cubic feet per second. One cubic foot of water
weighs 62.4 1b. Calculate the rate of water flow in tons of
water per day. (1 ton = 2000 Ib)

2.52

2.53

The brightest star in the night sky in the northern hemi-
sphere is Sirius. Its distance from earth is estimated to be
8.7 light years. A light year is the distance light travels in
one year. Light travels at a speed of 3.00 x 10® m/s. Cal-
culate the distance from earth to Sirius in miles. (1 mi =
5280 ft).

One degree of latitude on the earth’s surface equals
60.0 nautical miles. One nautical mile equals 1.151 stat-
ute miles. (A statute mile is the distance over land that we
normally associate with the unit mile). Calculate the cir-
cumference of the earth in statute miles.

2.54

The deepest point in the earth’s oceans is found in the
Mariana Trench, a deep crevasse located about 1000 miles
southeast of Japan beneath the Pacific Ocean. Its maximum

2.55

depth is 6033.5 fathoms. One fathom is defined as 6 feet.
Calculate the depth of the Mariana Trench in meters.

At sea level, our atmosphere exerts a pressure of about
14.7 1b/in?, which means that each square inch of your
body experiences a force of 14.7 1b from the air that sur-
rounds you. As you descend below the surface of the ocean,
the pressure produced by the seawater increases by about
14.7 Ib/in? for every 10 meters of depth. In the preceding
problem you calculated the maximum depth of the Mari-
ana Trench, located in the Pacific Ocean. What is the ap-
proximate pressure in pounds per square inch and in tons
per square inch exerted by the sea at the deepest point of
the trench? (1 ton = 2000 lb)

Density and Specific Gravity

2.56

2.57

A sample of kerosene weighs 36.4 g. Its volume was
measured to be 45.6 mL. What is the density of the
kerosene in g mL™"?

A block of magnesium has a mass of 14.3 g and a volume
of 8.46 cm®. What is the density of magnesium in g/cm?®

OH 2.58

2.59

Acetone, the solvent in some nail polish removers, has a
density of 0.791 g/mL. What is the volume, in mL, of
25.0 g of acetone?

A glass apparatus contains 26.223 g of water when filled at
25 °C. At this temperature, water has a density of 0.99704
g/mL. What is the volume, in mL, of the apparatus?

2.60

2.61

Chloroform, a chemical once used as an anesthetic, has
a density of 1.492 g/mL. What is the mass in grams of
185 mL of chloroform?

Gasoline has a density of about 0.65 g/mL. How much
does 34 L (approximately 18 gallons) weigh in kilograms?
In pounds?

LW 2.62

2.63

A graduated cylinder was filled with water to the 15.0 mL
mark and weighed on a balance. Its mass was 27.35 g.
An object made of silver was placed in the cylinder and
completely submerged in the water. The water level rose to
18.3 mL. When reweighed, the cylinder, water, and silver
object had a total mass of 62.00 g. Calculate the density of
silver in g cm ™.

Titanium is a metal used to make golf clubs. A rectangular
bar of this metal measuring 1.84 cm X 2.24 cm X 2.44 cm
was found to have a mass of 45.7 g. What is the density of

titanium in g mL~1?

2.64

2.65

The space shuttle uses liquid hydrogen as its fuel. The
external fuel tank used during takeoff carries 227,641 Ib
of hydrogen with a volume of 385,265 gallons. Calculate
the density of liquid hydrogen in units of Ib/gal and g/mL.
(Express your answer to three significant figures.) What is
the specific gravity of liquid hydrogen?

You are planning to make a cement driveway that has to
be 10.1 feet wide, 32.3 feet long, and 4.00 inches deep
on average. The specific gravity of concrete is 0.686. How
many kilograms of concrete are needed for the job?
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2.66

OH 2.67

2.68

2.69

*2.70

2.1

2.72

Some time ago, a U.S. citizen traveling in Canada ob-
served that the price of regular gasoline was 0.959 Cana-
dian dollars per liter. The exchange rate at the time was
1.142 Canadian dollars per one U.S. dollar. Calculate
the price of the Canadian gasoline in units of U.S. dollars
per gallon. (Just the week before, the traveler had paid
$2.249 per gallon in the United States.)

You are the science reporter for a daily newspaper, and
your editor has asked you to write a story based on a
report in the scientific literature. The report states that
analysis of the sediments in Hausberg Tarn (elevation
4350 m) on the side of Mount Kenya (elevation 4600—
4700 m) shows that the average temperature of the water
rose by 40 °C between 350 Bc and 450 ap. Your edi-
tor wants all the data expressed in the English system of
units. Make the appropriate conversions.

An astronomy Web site states that neutron stars have a
density of 1.00 x 10® tons per cubic centimeter. The
site does not specify whether “tons” means metric tons
(1 metric ton = 1000 kg) or English tons (1 English ton =
2000 pounds). How many grams would one teaspoon of
a neutron star weigh, if the density were in metric tons
per cm?*? How many grams would the teaspoon weigh if
the density were in English tons per cm?? (One teaspoon
is approximately 4.93 mL.)

The star Arcturus is 3.50 X 10 km from the earth. How
many days does it take for light to travel from Arcturus
to earth? What is the distance to Arcturus in light years?
One light year is the distance light travels in one year
(365 days); light travels at a speed of 3.00 x 10% m/s.

A pycnometer is a glass apparatus used for accurately
determining the density of a liquid. When dry and empty,
a certain pycnometer had a mass of 27.314 g. When filled
with distilled water at 25.0 °C, it weighed 36.842 g.
When filled with chloroform (a liquid once used as an
anesthetic before its toxic properties were known), the
apparatus weighed 41.428 g. At 25.0 °C, the density of
water is 0.99704 g/mL. (a) What is the volume of the
pycnometer? (b) What is the density of chloroform?

Radio waves travel at the speed of light, 3.00 x 10® m/s.
If you were to broadcast a question to an astronaut on the
moon, which is 239,000 miles from earth, what is the min-
imum time that you would have to wait to receive a reply?

Suppose you have a job in which you earn $4.50 for each
30 minutes that you work.

(a) Express this information in the form of an equiva-
lence between dollars earned and minutes worked.

(b) Use the equivalence defined in (a) to calculate the
number of dollars earned in 1 hr 45 min.
(¢) Use the equivalence defined in (a) to calculate the num-

ber of minutes you would have to work to earn $17.35.
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When an object floats in water, it displaces a volume of
water that has a weight equal to the weight of the object.
If a ship has a weight of 4255 tons, how many cubic feet
of seawater will it displace? Seawater has a density of
1.025 g cm™3; 1 ton = 2000 Ib.

Acrogel or “solid smoke” is a novel material that is made of
silicon dioxide, like glass, but is a thousand times less dense
than glass because it is extremely porous. Material scientists
at NASA’s Jet Propulsion Laboratory created the lightest
aerogel ever in 2002, with a density of 0.00011 pounds per
cubic inch. The material was used for thermal insulation in
the 2003 Mars Exploration Rover. If the maximum space for
insulation in the spacecraft’s hull was 2510 cm?, what mass
(in grams) did the aerogel insulation add to the spacecraft?

Aerogel (NASA/JPL)

A liquid known to be either ethanol (ethyl alcohol) or
methanol (methyl alcohol) was found to have a density of
0.798 £ 0.001 g/mL. Consult tabulated data to determine
which liquid it is. What other measurements could help to
confirm the identity of the liquid?

An unknown liquid was found to have a density of
69.22 Ib/f®. The density of ethylene glycol (the liquid
used in antifreeze) is 1.1088 g/mL. Could the unknown
liquid be ethylene glycol?

When an object is heated to a high temperature, it glows
and gives off light. The color balance of this light depends
on the temperature of the glowing object. Photographic
lighting is described, in terms of its color balance, as a
temperature in kelvins. For example, a certain electronic
flash gives a color balance (called color temperature) rat-
ed at 5800 K. What is this temperature expressed in °C?

There exists a single temperature at which the value
reported in °F is numerically the same as the value re-
ported in °C. What is this temperature?

In the text, the Kelvin scale of temperature is defined as
an absolute scale in which one Kelvin degree unit is the
same size as one Celsius degree unit. A second absolute
temperature scale exists called the Rankine scale. On this
scale, one Rankine degree unit (°R) is the same size as one
Fahrenheit degree unit. (a) What is the only temperature
at which the Kelvin and Rankine scales possess the same
numerical value? Explain your answer. (b) What is the
boiling point of water expressed in °R?
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*2.80

*2.81

*2.82

2.83

Density measurements can be used to analyze mixtures.
For example, the density of solid sand (without air spaces)
is about 2.84 g/mL. The density of gold is 19.3 g/mlL.
If a 1.00 kg sample of sand containing some gold has a
density of 3.10 g/mL (without air spaces), what is the
percentage of gold in the sample?

An artist’s statue has a surface area of 14.6 ft>. The art-
ist plans to apply gold leaf to the statue and wants the
coating to be 2.50 pm thick. If the price of gold were
$1,125.10 per troy ounce, how much would it cost
to give the statue its gold coating? (1 troy ounce =

31.1035 g; the density of gold is 19.3 g/mL.)

A cylindrical metal bar has a diameter of 0.753 cm and a
length of 2.33 cm. It has a mass of 8.423 g. Calculate the
density of the metal in the units Ib/fe’.

What is the volume in cubic millimeters of a 3.54 carat
diamond, given that the density of diamond is 3.51 g/mL?
(1 carat = 200 mg)

|Exercises in Critical Thinking

2.87

2.88

*2.89

Find two or more Web sites that give the values for each
of the seven base SI units. Keeping in mind that not all
Web sites provide reliable information, which Web site
do you believe provides the most reliable values? Justify
your answer.

Reference books such as the Handbook of Chemistry
and Physics report the specific gravities of substances
instead of their densities. Find the definition of specific
gravity, and discuss the relative merits of specific gravity
and density in terms of their usefulness as a physical
property.

A student used a 250 mL graduated cylinder having vol-
ume markings every 2 mL to carefully measure 100 mL
of water for an experiment. A fellow student said that
by reporting the volume as “100 mL” in her lab note-
book, she was only entitled to one significant figure.
The first student disagreed. Why did her fellow student
say the reported volume had only one significant figure?

*2.84

*2.85

*2.86

*2.90

2.91

*2.92

Because of the serious consequences of lead poisoning,
the Federal Centers for Disease Control in Atlanta has set
a threshold of concern for lead levels in children’s blood.
This threshold was based on a study that suggested that
lead levels in blood as low as 10 micrograms of lead per
deciliter of blood can result in subtle effects of lead tox-
icity. Suppose a child had a lead level in her blood of
2.5 x 10~ grams of lead per liter of blood. Is this person
in danger of exhibiting the effects of lead poisoning?
Gold has a density of 19.31 g cm™. How many grams
of gold are required to provide a gold coating 0.500 mm
thick on a ball bearing having a diameter of 2.000 mm?
A Boeing 747 jet airliner carrying 568 people burns about
5.0 gallons of jet fuel per mile. What is the rate of fuel
consumption in units of gallons per person per mile? Is
this better or worse than the rate of fuel consumption in
an automobile carrying two people that gets 21.5 miles per
gallon? If the airliner were making the 3470 mile trip from
New York to London, how many pounds of jet fuel would
be consumed? (Jet fuel has a density of 0.803 g/mL.)

Considering the circumstances, how many significant fig-
ures are in her measured volume? Justify your answer.

Download a table of data for the density of water between
its freezing and boiling points. Use a spreadsheet program
to plot (a) the density of water versus temperature and
(b) the volume of a kilogram of water versus temperature.
Interpret the significance of these plots.

List the physical and chemical properties mentioned
in this chapter. What additional physical and chemical
properties can you think of to extend this list?

A barge pulled by a tugboat can be described as a rectangu-
lar box that is open on the top. A certain barge is 30.2 feet
wide and 12.50 feet high, with the base of each side being
116 feet long. If the barge itself weighs 6.58 x 10 pounds,
what will be the draft (depth in the water) if the cargo
weighs 1.12 x 10° pounds in (a) seawater with a density of
1.025 g/mL and (b) freshwater with a density of 0.997 g/mL?



3 Elements, Compounds,
and the Periodic Table

Chapter Outline

3.1 | Internal Structure of the
Atom

3.2 | The Periodic Table

3.3 | Metals, Nonmetals, and
Metalloids

3.4 | Ionic Compounds

3.5 | Nomenclature of Ionic
Compounds

3.6 | Molecular Compounds

3.7 | Nomenclature of
Molecular Compounds

A supernova, such as the one whose remnants are shown in the photograph taken

by the Hubble space telescope, occurs when a large star collapses and explodes. It is
in such explosions that particles of matter with names such as electrons, protons, and
neutrons are forced together to form atoms of the elements that make up our universe.
As you will learn in this chapter, these atomic particles are important in understand-
ing the make-up of elements and the kinds of compounds elements form when they

undergo chemical reactions. NASA, ESA, and M. Livio and the Hubble 20th Anniversary Team (STScl)
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[ This Chapter in Context

Students sometimes say that “chemistry is a foreign language.” This statement is not
far from the truth. We can consider the elements in the periodic table to be our new alpha-
bet; the formulas for compounds are the words of chemistry; and the balanced equations
that show how those compounds react with each other are the sentences of this new lan-
guage. Learning the language of chemistry will help you succeed because you will be able
to concentrate on new concepts that depend on your being fluent in your new language.

In Chapter 1 we introduced the broad scope and nature of the subject of chemistry,
elements, classification of matter, the atomic theory, formulas, and reactions. In Chapter 2,
we discussed the ways that precise and accurate measurements and calculations are central
to all sciences, especially chemistry. Now we turn our attention to atoms, the periodic
table, chemical compounds, and naming these compounds. We will take a closer look at
the particles that make up the atoms, and how these particles define the identity of the
elements. Then, we will use this information to arrange the elements into a table that is a
storehouse of relationships, trends, and similarities among the elements. These elements
combine to form compounds, and the type of compound formed can be determined by
the makeup of the atoms. Finally, we will introduce you to chemical nomenclature—the
system used to name chemical compounds.

High voltage

3.1 |Internal Structure of the Atom

The ecarliest theories about atoms imagined them to be indestructible and totally unable
to be broken into smaller pieces. However, as you probably know, atoms are not quite as
indestructible as Dalton and other early philosophers had thought. During the late 1800s
and early 1900s, experiments were performed that demonstrated that atoms are composed
of subatomic particles. From this work the current theoretical model of atomic structure
evolved. We will examine it in general terms in this chapter. A more detailed discussion of
the electronic structure of the atom will follow in Chapter 8.

Discovery of the Electron, Proton, and Neutron

Our current knowledge of atomic structure was pieced together from facts obtained from
experiments by scientists that began in the nineteenth century. In 1834, Michael Faraday
discovered that the passage of electricity through aqueous solutions could cause chemical
changes. This was the first hint that matter was electrical in nature. Later in that century,
scientists began to experiment with gas discharge tubes in which a high-voltage electric cur-
rent was passed through a gas at low pressure in a glass tube (Figure 3.1). Such a tube is
ficted with a pair of metal electrodes, and when the electricity begins to flow
between them, the gas in the tube glows. This flow of electricity is called an
electric discharge, which is how the tubes got their name.

The physicists who first studied this phenomenon did not know what
caused the tube to glow, but tests soon revealed that negatively charged par-
ticles were moving from the negative electrode (the cathode) to the positive
electrode (the anode). The physicists called these emissions 7ays, and because
the rays came from the cathode, they were called cathode rays.

In 1897, the British physicist J. J. Thomson modified a cathode ray

Figure 3.1 | A gas discharge tube. Cathode tube, a special gas discharge tube, to make quantitative measurements of the
rays flow from the negatively charged cathode to properties of cathode rays, Figure 3.2. In Thomson’s tube, a beam of cathode

the positively charged anode.

rays was focused on a glass surface coated with a phosphor, a substance that
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glows when the cathode rays strike it (point 1). The cathode ray
beam passed between the poles of a magnet and between a pair of
metal electrodes that could be given electrical charges. The mag-
netic field tends to bend the beam in one direction (toward point
2), while the charged electrodes bend the beam in the opposite . P . ihode
direction (toward point 3). By adjusting the charge on the :
electrodes, the two effects can be made to cancel, and from the
amount of charge on the electrodes required to balance the effect
of the magnetic field, Thomson was able to calculate the first bit
of quandtitative information about a cathode ray particle—the
ratio of its charge to its mass (often expressed as e/m, where ¢
stands for charge and 7 stands for mass). The charge-to-mass
ratio has a value of —1.76 x 10® coulombs/gram, where the cou-
lomb (C) is a standard unit of electrical charge and the negative
sign reflects the negative charge on the particle.

Many experiments were performed using the cathode ray
tube, and they demonstrated that cathode ray particles are in all
matter. They are, in fact, electrons.

Metal plate

Figure 3.2 | Thomson’s cathode ray tube, which was used to
measure the charge-to-mass ratio for the electron.

Measuring the Charge and

Mass of the Electron

In 1909, a researcher at the University of Chicago,

Robert Millikan, designed an experiment that

enabled him to measure the electron’s charge )
(Figure 3.3). During the experiment he sprayed a
fine mist of oil droplets above a pair of parallel
metal plates, the top one of which had a small hole
in it. As the oil drops settled, some would pass
through this hole into the space between the = W
plates, where he would irradiate them briefly with
X rays. The X rays knocked electrons off molecules
in the air, and the electrons became attached to the
oil drops, which thereby were given an electrical
charge. By observing the rate of fall of the charged
drops both when the metal plates were electrically
charged and when they were not, Millikan was
able to calculate the amount of charge carried by
each drop. When he examined his results, he
found that all the values he obtained were whole-
number multiples of —1.60 x 10~ C. He rea-
soned that since a drop could only pick up whole numbers of electrons, this value must be
the charge carried by each individual electron.

Once Millikan had measured the electron’s charge, its mass could then be calculated
from Thomson’s charge-to-mass ratio. This mass was calculated to be 9.09 x 107% g.
More precise measurements have since been made, and the mass of the electron is cur-
rently reported to be 9.1093897 x 10~?® g. Thomson’s early measurements are in good
agreement with today’s more precise measurements.

Figure 3.3 | Millikan’s oil drop experiment. Electrons, which are ejected from
molecules in the air by the X rays, are picked up by very small drops of oil falling
through the tiny hole in the upper metal plate. By observing the rate of fall of the
charged oil drops, with and without electrical charges on the metal plates, Millikan
was able to calculate the charge carried by an electron.

Discovery of the Proton

The removal of electrons from an atom gives a positively charged particle (called an 7o7). To
study these particles, a modification was made in the construction of the cathode ray tube to
produce a new device called a mass spectrometer. This apparatus is described in On the Cutting
Edge 3.1 and was used to measure the charge-to-mass ratios of positive ions. These ratios were
found to vary, depending on the chemical nature of the gas in the discharge tube, showing that
their masses also varied. The lightest positive particle observed was produced when hydrogen
was in the tube, and its mass was about 1800 times as heavy as an electron. When other gases
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ON THE CUTTING EDGE ‘ 3 . 1

The Mass Spectrometer and the
Experimental Measurement of
Atomic Masses

When a spark is passed through a gas, electrons are knocked
off the gas molecules. Because electrons are negatively charged,
the particles left behind carry positive charges; they are called
positive ions. These positive ions have different masses, depend-
ing on the masses of the molecules from which they are formed.
Thus, some molecules have large masses and give heavy ions,
while others have small masses and give light ions.

The device that is used to study the positive ions produced
from gas molecules is called a mass spectrometer (illustrated
in the figure at the right). In a mass spectrometer, positive ions
are created by passing an electrical spark (called an electric dis-
charge) through a sample of the particular gas being studied. As

ions. In effect, an entering beam containing ions of different
masses is sorted by the magnet into a number of beams, each
containing ions of the same mass. This spreading out of the ion
beam thus produces an array of different beams called a mass
spectrum. There are many types of mass spectrometers. Here the
array of beams can be detected by exposing photographic film.

In another type of mass spectrometer, the strength of the mag-
netic field is gradually changed, which sweeps the beams of ions
across a detector located at the end of the tube. As a beam of ions
strikes the detector, its intensity is measured and the masses of
the particles in the beam are computed based on the strength of
the magnetic field, the speed of the particles, and the geometry
of the apparatus.

Among the benefits derived from measurements using the
mass spectrometer are very accurate isotopic masses and relative
isotopic abundances. These serve as the basis for the very precise
values of the atomic masses that you find in the periodic table.
(Isotopes are atoms of the same element with slightly different
masses. They are discussed on page 68.)

the positive ions are formed, they are attracted to a negatively
charged metal plate that has a small hole in its center. Some of
the positive ions pass through this hole and travel onward through
a tube that passes between the poles of a powerful magnet.

One of the properties of charged particles, both positive and
negative, is that their paths become curved as they pass through
a magnetic field. This is exactly what happens to the positive
ions in the mass spectrometer as they pass between the poles of
the magnet. However, the extent to which their paths are bent
depends on the masses of the ions. This is because the path of S, eacl
a heavy ion, like that of a speeding cement truck, is difficult to E?{‘,‘,i"s“a",ﬁe":;‘:ss gtrl:l?;th
change, but the path of a light ion, like that of a motorcycle, can be
is influenced more easily. As a result, heavy ions emerge from CELE
between the magnet’s poles along different lines than the lighter

Positive ions formed in
electrical discharge
Beam of

positive ions

Detector

Beam is divided
into several
beams, each Magnet

were used, their masses always seemed to be whole-number multiples of the mass observed
for hydrogen ions. This suggested the possibility that clusters of the positively charged
particles made from hydrogen atoms made up the positively charged particles of other
gases. The hydrogen atom, minus an electron, thus seemed to be a fundamental particle
in all matter and was named the proton, after the Greek word proteios, meaning “of first
importance.”

Discovery of the Atomic Nucleus

Early in the twentieth century, Hans Geiger and Ernest Marsden, working under Ernest
Rutherford at Great Britain’s Manchester University, studied what happened when alpha
rays hit thin gold foils. Alpha rays are composed of particles having masses four times those
of the proton and bearing two positive charges; they are emitted by certain unstable atoms
in a phenomenon called radioactive decay. Most of the alpha particles sailed right on
through as if the foils were virtually empty space (Figure 3.4). A significant number of
alpha particles, however, were deflected at very large angles. Some were even deflected
backward, as if they had hit a stone wall. Rutherford was so astounded that he compared
the effect to that of firing a 15 inch artillery shell at a piece of tissue paper and having it
come back and hit the gunner! From studying the angles of deflection of the particles,
Rutherford reasoned that only something extraordinarily massive and positively charged
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Source of
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Metal foil

°  Atoms of
$ metal foil

Figure 3.4 | Some alpha particles are deflected by a thin gold foil. Some hit something very
massive head-on and are deflected backward. Many sail through. Some, making near misses with the
massive “cores” (nuclei), are still deflected, because alpha particles have the same kind of charge (+)
as these cores.

could cause such an occurrence. Since most of the alpha particles went straight through,
he further reasoned that the metal atoms in the foils must be mostly empty space. Ruther-
ford’s ultimate conclusion was that virtually all of the mass of an atom must be concen-
trated in a particle having a very small volume located in the center of the atom. He called
this massive particle the atom’s nucleus.

Discovery of the Neutron

From the way alpha particles were scattered by a metal foil, Rutherford and his students
were able to estimate the number of positive charges on the nucleus of an atom of the
metal. This had to be equal to the number of protons in the nucleus. When they com-
puted the nuclear mass based on this number of protons, however, the value always fell
short of the actual mass. In fact, Rutherford found that only about half of the nuclear mass
could be accounted for by protons. This led him to suggest that there were other particles
in the nucleus that had a mass close to or equal to that of a proton, but with no electrical
charge. This suggestion initiated a search that finally ended in 1932 with the discovery of
the neutron by Sir James Chadwick, a British physicist.

Subatomic Particles

The experiments described above showed that atoms are composed of three principal
kinds of subatomic particles: protons, neutrons, and electrons. Experiments also revealed that
at the center of an atom there exists a very tiny, extremely dense core called the nucleus,
which is where an atom’s protons and neutrons are found. Because they are found in
nuclei, protons and neutrons are sometimes called nucleons. The electrons in an atom sur-
round the nucleus and fill the remaining volume of the atom. (How the electrons are dis-
tributed around the nucleus is the subject of Chapter 8.) The properties of the subatomic
particles are summarized in Table 3.1, and the general structure of the atom is illustrated
in Figure 3.5.

iIELIEERBN Properties of Subatomic Particles

Particle Mass (g) Electrical Charge Symbol
Electron 9.1093897 x 10~ 1— e
Proton 1.6726231 x 10~ 1+ HY 1y

Neutron 1.6749286 x 10~% 0 on

M For his work, Sir Chadwick earned
the Nobel Prize in physics in 1935.

B Physicists have discovered a large
number of subatomic particles, but

protons, neutrons, and electrons are
the only ones that will concern us at
this time.

M Protons are in all nuclei. Except
for ordinary hydrogen, all nuclei also
contain neutrons.
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Nucleus
(protons +
neutrons)

N

Figure 3.5 | The internal
structure of a atom. An atom is
composed of a tiny nucleus that
holds all of the protons (red) and

neutrons (grey). The electrons are

Electrons

in the space outside the nucleus.

M The binding energy of nucleons is
discussed in Chapter 21. This binding
energy is what allowed for the easy
formation of the elements up to iron.

'?'B:LE

Number of subatomic
particles in atoms

'?*E;:Ls

Atomic symbols for
isotopes

As noted above, two of the subatomic particles carry electrical charges. Protons

carry a single unit of positive charge, and electrons carry a single unit of negative

) charge. Two particles that have the same electrical charge repel each other, and two
particles that have opposite charges attract each other. In an atom the negatively
charged electrons are attracted to the positively charged protons. In fact, it is this
attraction that holds the electrons around the nucleus. Neutrons have no charge and
are electrically neutral.

Because of their identical charges, electrons repel each other. The repulsions
between the electrons keep them spread out throughout the volume of the atom,
and it is the balance between the attractions the electrons feel toward the nucleus

and the repulsions they feel toward each other that controls the sizes of atoms.

Protons also repel each other, but they are able to stay together in the small volume of
the nucleus because their repulsions are apparently offset by powerful nuclear binding
forces that involve other subatomic particles that are studied in particle physics.

Matter as we generally find it in nature appears to be electrically neutral, which means
that it contains equal numbers of positive and negative charges. Therefore, in a neutral
atom, the number of electrons must equal the number of protons.

The proton and neutron are much more massive than the electron, about 1800 times
heavier, so in any atom almost all of the atomic mass is contributed by the particles found
in the nucleus. It is also interesting to note, however, that the diameter of the atom is
approximately 10,000 times the diameter of its nucleus, so almost all of the volume of an
atom is occupied by its electrons, which fill the space around the nucleus. (To place this
on a more meaningful scale, if the nucleus was 1 ft in diameter, it would lie at the center
of an atom with a diameter of approximately 1.9 miles or 10,000 feet!)

Atomic Numbers and Mass Numbers

What distinguishes one element from another is the number of protons in the nuclei of its
atoms, because all of the atoms of a particular element have an identical number of protons.
In fact, this allows us to redefine an element as & substance whose atoms all contain the
identical number of protons. Thus, each element has associated with it a unique number,
which we call its atomic number (2), that equals the number of protons in the nucleus of
each of its atoms.

Atomic number (Z) = number of protons

Most elements exist in nature as mixtures of similar atoms called isozopes that differ only
in mass. What makes isotopes of the same element different are the numbers of neutrons
in their nuclei. 7he isotopes of a given element have atoms with the same number of protons
but different numbers of neutrons. The numerical sum of the protons and neutrons in the
atoms of a particular isotope is called the mass number (4) of the isotope.

Isotope mass number (4) = (number of protons) + (number of neutrons)

Therefore, every isotope is fully defined by two numbers, its atomic number and its mass
number. Sometimes these numbers are added to the left of the chemical symbol as a sub-
script and a superscripe, respectively. Thus, if X stands for the chemical symbol for the
element, an isotope of X is represented as

A
X

The isotope of uranium used in nuclear reactors, for example, can be symbolized as follows:

Mass number (number of protons and number of neutrons) -
0

Atomic number (number of protons)
Uranium-235
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As indicated, the name of this isotope is uranium-235 or U-235. Each neutral atom con-
tains 92 protons and (235 — 92) = 143 neutrons as well as 92 electrons. In writing the
symbol for the isotope, the atomic number is often omitted because it is redundant. Every
atom of uranium has 92 protons, and every atom that has 92 protons is an atom of ura-
nium. Therefore, this uranium isotope can be represented simply as *°U.

In naturally occurring uranium, a more abundant isotope is 2*U. Atoms of this isotope
also have 92 protons, but the number of neutrons is 146. Thus, atoms of ***U and #**U
have the identical number of protons but differ in the numbers of neutrons.

M For a neutral atom, the atomic
number equals both the number of
protons and the number of electrons.

Example 3.1

Counting Protons, Neutrons, and Electrons

How many electrons, protons, and neutrons does the isotope Cr-52 have?

® Analysis: This problem asks for all three of the major subatomic particles in the Cr-52
isotope that has a mass of 52.

m Assembling the Tools: First, we have to determine the identity of the element from the
symbol using the table inside the front cover. All three of the tools for subatomic particles
must be used:

Number of protons = atomic number = Z
Number of electrons = atomic number = 2

Number of neutrons = mass number — atomic number = 4 — Z

m Solution: We find that Cr is the symbol for chromium, so Z = 24 and A = 52, and we
conclude

Protons = 24; Electrons = 24; Neutrons = 52 — 24 = 28

m |s the Answer Reasonable? One check is to be sure that the sum of the number of
protons and neutrons is the isotope mass number. A second check is that the number
of any of the particles is not larger than the isotope mass number (the largest number
given in the problem), and in most cases the number of electrons, protons, or neutrons
is usually close to half of the mass number. A final check is that the number of protons
equals the number of electrons because it is a neutral atom. Our answers fulfill these
conditions.

3.1 | Write the symbol for the isotope of plutonium (Pu) that contains 146 neutrons.
How many electrons does it have? (Hin#: Review the tools for writing isotope symbols and
counting electrons.)

3.2 | How many protons, neutrons, and electrons are in each atom of 33 CI?

3.3 | In Practice Exercise 3.2, can we discard the 35 or the 17 or both from the symbol
without losing the ability to solve the problem? Explain your reasoning.

Practice Exercises

Relative Atomic Masses of Elements

Before subatomic particles were discovered, a significant body of data had already been
developed that showed that atoms of different elements had different distinctive masses.
In fact, one of the most useful concepts to come from Dalton’s atomic theory is that atoms
of an element have a constant, characteristic atomic mass (or atomic weight). This concept
opened the door to the determination of chemical formulas and ultimately to one of the
most useful devices chemists have for organizing chemical information, the periodic table
of the elements. But how could the masses of atoms be measured without a knowledge of
atomic structure?
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Relative atomic masses

M In biology, the atomic-mass unit
is sometimes called a dalton.
1 u =1 dalton.

M Even the smallest laboratory sample
of an element has so many atoms that
the relative proportions of the isotopes
is constant.

W Tritium, 3H, is a third isotope of
hydrogen, but the naturally occurring
amount is so small that we need not
consider it.

Individual atoms are much too small to weigh in the traditional manner. However, the
relative masses of the atoms of elements can be determined provided we know the ratio in
which the atoms occur in a compound. Let’s look at an example to see how this could work.

Hydrogen (H) combines with the element fluorine (F) to form the compound hydrogen
fluoride. Each molecule of this compound contains one atom of hydrogen and one atom
of fluorine, which means that in any sample of this substance the fluorine-to-hydrogen
atom ratio is always 1 to 1. It is also found that when a sample of hydrogen fluoride is
decomposed, the mass of fluorine obtained is always 19.0 times larger than the mass of
hydrogen, so the fluorine-to-hydrogen mass ratio is always 19.0 to 1.00.

F-to-H atom ratio: 1 to 1
F-to-H mass ratio: 19.0 to 1.00

How could a 1-to-1 atom ratio give a 19.0-to-1.00 mass ratio? It could do this only if each
Sluorine atom is 19.0 times heavier than each H atom.

Notice that even though we haven't found the actual masses of F and H atoms, we now
know how their masses compare (i.e., we know their relative masses). Similar procedures,
with other elements in other compounds, are able to establish relative mass relationships
among the other elements as well. What we need next is a way to place all of these masses
on the same mass scale.

Carbon-12: Standard for the Atomic Mass Scale

To establish a uniform mass scale for atoms it is necessary to select a standard against
which the relative masses can be compared. Currently, the agreed-upon reference uses the
most abundant isotope of carbon, carbon-12, ?C. From this reference, one atom of this
isotope is exactly 12 units of mass, which are called atomic mass units. Some prefer to use the
symbol amu for the atomic mass unit. The internationally accepted symbol is u, which is
the symbol we will use throughout the rest of the book. By assigning 12 u to the mass of
one atom of '*C, the size of the atomic mass unit is established to be - of the mass of a
single carbon-12 atom:

1 atom of '2C has a mass of 12 u (exactly)
1 u equals -5 the mass of 1 atom of 2C (exactly)

In modern terms, the atomic mass of an element is the average mass of the element’s
atoms (as they occur in nature) relative to an atom of carbon-12, which is assigned a mass
of 12 units. Thus, if an average atom of an element has a mass twice that of a 'C atom,
its atomic mass would be 24 u.

The definition of the size of the atomic mass unit is really quite arbitrary. It could just
as easily have been selected to be 57 of the mass of a carbon atom, or 1 of the mass of an

iron atom, or any other value. Why é of the mass of a '?C atom? First, carbon is a very
common element, available to any scientist. Second, and most important, by choosing
the atomic mass unit of this size, the atomic masses of nearly all of the other elements are
almost whole numbers, with the lightest atom (hydrogen) having a mass of approxi-
mately 1 u.

Chemists generally work with whatever mixture of isotopes that occur naturally for a
given element. Because the composition of this isotopic mixture is very nearly constant
regardless of the source of the element, we can speak of an average mass of an atom of the
element—average in terms of mass. For example, naturally occurring hydrogen is almost
entirely a mixture of two isotopes in the relative proportions given in Table 3.2 on page 71.
The “average mass of an atom” of the element hydrogen, as it occurs in nature, has a mass
that is 0.083992 times that of a '2C atom. Since 0.083992 x 12.000 u = 1.0079 u, the
average atomic mass of hydrogen is 1.0079 u. Notice that this average value is only a little
larger than the atomic mass of 'H because naturally occurring hydrogen contains mostly
'H and only a little ?H, as shown in Table 3.2.
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In general, the mass number of an isotope differs slightly from

Table 3.2
the atomic mass of the isotope. For instance, the isotope *>Cl has T
an atomic mass of 34.968852 u. In fact, the only isotope that has |s¥)t0p§.
an atomic mass equal to its mass number is 1*C, since by definition
the mass of this atom is exactly 12 u. 'H
’H

Average Atomic Masses from
Isotopic Abundances

Originally, the relative atomic masses of the elements were determined in a way similar to
that described for hydrogen and fluorine in our earlier discussion. A sample of a com-
pound was analyzed and from the formula of the substance the relative atomic masses were
calculated. These were then adjusted to place them on the unified atomic mass scale. In
modern times, methods, such as mass spectrometry discussed in On the Cutting Edge 3.1,
have been developed to measure very precisely both the relative abundances of the isotopes
of the elements and their atomic masses. This kind of information has made it possible to
calculate more precise values of the average atomic masses, which are found in the table on
the inside front cover of the book. The average atomic mass for any element can be calcu-
lated by multiplying the percentage of each isotope by its mass and adding the values
together. Example 3.2 illustrates how this calculation is done.

Abundance of Hydrogen Isotopes

Percentage

Abundance
1.007825 u 99.985
2.0140 u 0.015

W Weighted averages allow you to
calculate how much each isotope
contributes to the overall atomic mass
of the element.

Example 3.2

Calculating Average Atomic Masses from Isotopic Abundances

Naturally occurring chlorine is a mixture of two isotopes. In every sample of this element,
75.77% of the atoms are ¥Cl and 24.23% are atoms of ¥Cl. The accurately measured
atomic mass of *°Cl is 34.9689 u and that of ¥Cl is 36.9659 u. From these data, calculate
the average atomic mass of chlorine.

m Analysis: In a sample of chlorine, 75.77% of the mass is contributed by atoms of >>Cl
and 24.23% comes from atoms of *’Cl. Thus, when we calculate the mass of the “aver-
age atom” we have to take into account both the masses of the isotopes and their relative
abundances.

= Assembling the Tools: If a sample is made up of more than one substance, then the
mass contribution of one of the substances, , in the sample is calculated using the equation

percentage of x
100%

This is the tool we will use to calculate the mass contribution from each isotope toward
the total mass of an average atom of Cl. For “percentage of x” we substitute the percent
abundance of the isotope in question, and for “total mass of x” we substitute the mass of
that isotope.

Mass contribution of x = (total mass of x) x

m Solution: We will calculate the contribution of the 75.77% of the mass of an atom of
3l to the total mass

75.77% °Cl

Mass contribution of >Cl = 34.9689 u x =26.496u
00%
and for the 3’Cl, its contribution is
o/ 37
Mass contribution of ’Cl = 36.9659 u x M =8.9568u

0

Now we add these contributions to give us the total mass of the “average atom.”
g g

26.496 u + 8.957 u = 35.453 u rounded to 35.45 u
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Practice Exercises

Notice that in this two-step problem we kept one extra significant figure undil the final
rounding to four significant figures.

m|s the Answer Reasonable? Once again, the final step is a check to see whether the
answer makes sense. Here is how we might do such a check: First, from the masses of the
isotopes, we know the average atomic mass is somewhere between approximately 35 and
37. If the abundances of the two isotopes were equal, the average would be neatly 36.
However, there is more Cl than 3Cl, so a value closer to 35 than 37 seems reasonable;
therefore, we can feel pretty confident our answer is correct.

3.4 | Aluminum atoms have a mass that is 2.24845 times that of an atom of '2C. What is
the atomic mass of aluminum? (Hinz: Recall that we have a tool that gives the relationship
between the atomic mass unit and *C.)

3.5 | How much heavier is the average atom of naturally occurring copper than an atom
of 12C? Refer to the table inside the front cover of the book for the necessary data.

3.6 | Naturally occurring boron is composed of 19.9% of '°B and 80.1% of ''B. Atoms
of 1°B have a mass of 10.0129 u and those of ''B have a mass of 11.0093 u. Calculate the

average atomic mass of boron.

3.7 | Neon, the gas used in neon lamps, is composed of 90.483% of 2Ne, 0.271% of
2INe, and 9.253% of **Ne. The *’Ne atoms have a mass of 19.992 u, ?'Ne atoms have a
mass of 20.994, and those of ??Ne have a mass of 21.991 u. Calculate the average atomic
mass of neon.

3.2 | The Periodic Table

When we study different kinds of substances, we find that some are elements and others
are compounds. Among compounds, some are composed of discrete molecules. Others are
tonic compounds, made up of atoms that have acquired electrical charges. Some elements,
such as sodium, have properties we associate with metals, whereas others, such as chlorine,
do not have metallic properties and are said to be nonmetallic. If we were to continue on
this way, without attempting to build our subject around some central organizing struc-
ture, it would not be long before we became buried beneath a mountain of information of
seemingly unconnected facts.

Mendeleev’s Periodic Table

The need for organization was recognized by many early chemists, and there were
numerous attempts to discover relationships among the chemical and physical properties
of the elements. The periodic table we use today is based primarily on the efforts of a
Russian chemist, Dmitri Ivanovich Mendeleev (1834-1907) and a German physicist,
Julius Lothar Meyer (1830-1895). Working independently, these scientists developed
similar periodic tables only a few months apart in 1869. Mendeleev is usually given the
credit, however, because he had the good fortune to publish first.

Mendeleev was preparing a chemistry textbook for his students at the University of
St. Petersburg. Looking for some pattern among the properties of the elements, he found
that when he arranged them in order of increasing atomic mass, similar chemical proper-
ties were repeated over and over again at regular intervals. For instance, the elements
lithium (Li), sodium (Na), potassium (K), rubidium (Rb), and cesium (Cs) are soft metals
that are very reactive toward water. They form compounds with chlorine that have a
1-to-1 ratio of metal to chlorine. Similarly, the elements that immediately follow each of
these also constitute a set with similar chemical properties. Thus, beryllium (Be) follows
lithium, magnesium (Mg) follows sodium, calcium (Ca) follows potassium, strontium
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(Sr) follows rubidium, and barium (Ba) follows cesium. All of these elements form a

water-soluble chlorine compound with a 1-to-2 metal to chlorine atom ratio. Mendeleev ~ m Periodic refers to the recurrence of

used such observations to construct his periodic table. properties at regular intervals.
The elements in Mendeleev’s table are arranged in order of increasing atomic mass.

When the sequence is broken at the right places, the elements fall naturally into columns

in which the elements in a given column have similar chemical properties. Mendeleev’s

genius rested on his placing elements with similar properties in the same column even

when this left occasional gaps in the table. Mendeleev reasoned, correctly, that the ele-

ments that belonged in these gaps had simply not yet been discovered. In fact, on the basis

of the location of these gaps, Mendeleev was able to predict with remarkable accuracy the

properties of these yet-to-be-found substances. His predictions helped serve as a guide in

the search for the missing elements.

Arrangement of the Modern Periodic Table

When the concept of atomic numbers was developed, it was soon realized that the elements
in Mendeleev’s table were arranged in precisely the order of increasing atomic number.
The fact that it is the atomic number—the number of protons in the nucleus of an atom—
that determines the order of elements in the table is very significant. We will see later that
this has important implications with regard to the relationship between the number of
electrons in an atom and the atom’s chemical properties. %

The modern periodic table is shown in Figure 3.6 and also appears on the inside front \5@ LS
cover of the book. We will refer to the table frequently, so it is important for you to »-

become familiar with it and with some of the terminology applied to it. Periodic table

Atomic
Alkali number
metals Noble
(except H) Alkali / gases
\ eaartll?e ﬁl Group designation
1A metals 1.00794 8A
(1) \ (18)
1 ﬁ 2A / ; 3A 4A B5A  B6A  7A ;e
1008 | (2) Atomic (13) (14) (15 (16) ((17) | 4003
mass
B 4 5 6 7 8 9 10
2 Li B B © N 6] F N
6.9:11 9.0?2 8B 10.81 12.01 14.01 16.00 19.00 20.?8

@ | 2 |38 48 58 6B 7B N1B 2B | @ X |6 | | 8
3 N M Al S P S Cl A
B (3 ) (5 (6 () (8 (9 (10) (11) (12) [N N S

§ 19 20 21 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36

= 4 K Ca Sc Ti V Cr Mn Fe Co Ni Cu Zn Ga Ge As Se Br Kr
2 39.10 | 40.08 | 44.96 | 47.87 | 50.94 | 52.00 | 54.94 | 5585 | 58.93 | 58.69 | 63.55 | 65.41 | 69.72 | 72.64 7492 | 7896 | 79.90 | 83.80

37 38 39 40 41 42 43 44 45 46 47 48 49 50 51 52 53 54

5| Rb r Y Zr Nb Mo Tc Ru Rh Pd Ag Cd In Sn Sb Te | Xe
85.47 | 87.62 | 88.91 | 91.22 | 9291 | 9594 | [98] | 101.07 | 102.91 | 106.42 | 107.87 | 112.41 | 114.82 | 118.71 | 121.76 127.60 | 126.90 | 131.29

55 56 57 72 73 74 75 76 77 78 79 80 81 82 83 84 85 86

6] Cs Ba La Hf Ta W Re Os Ir Pt Au Hg TI Pb Bi Po At Rn
132.91 | 137.33 | 138.91 | 178.49 | 180.95 | 183.84 | 186.21 | 190.23 | 192.22 | 195.08 | 196.97 | 200.59 | 204.38 | 207.2 |208.98 | [209]  [210] | [222]
87 88 89 104 105 106 107 108 109 110 111 112 113 114 115 116 117 118

7 Fr Ra Ac Rf Db Sg Bh Hs Mt Ds Rg Cn Uut | Uug | Uup | Uuh | Uus | Uuo
12231 | 2261 | 12271 | 2671 | 12681 | [2711 | (2721 | 12701 | [276] | [281] | (2801 | 2851 | [284] | [289] | [288] | [293] | [294] | [294]

58 59 60 61 62 63 64 65 66 67 68 69 70 71

Lanthanides Ce Pr Nd Pm Sm Eu Gd Tb Dy Ho Er m Yb Lu
140.12 | 140.91 | 144.24 | [145] | 150.36 | 151.96 | 157.25 | 158.93 | 162.50 | 164.93 | 167.26 | 168.93 | 173.04 | 174.97

90 91 92 93 94 95 96 97 98 99 100 101 102 103

Actinides Th Pa u Np Pu Am Cm Bk Cf Es Fm Md No Lr
232.04 | 231.04 | 238.03 | [237] | [244] | [243] | [247] | [247) | [251] | [252] | [257] | [258] | [259] | [262]

Figure 3.6 | The modern periodic table. At room temperature, mercury and bromine are liquids.
Eleven elements are gases, including the noble gases and the diatomic gases of hydrogen, oxygen,
nitrogen, fluorine, and chlorine. The remaining elements are solids.
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M Recall that the symbol Z stands for

atomic number.

Representative elements

Transition
elements

ENERERERRRERE

Inner transition

Special Terminology of the Periodic Table

In the modern periodic table the elements are arranged in order of increasing atomic num-
ber. The rows in the table are called periods, and for identification purposes the periods
are numbered. Below the main body of the table are two long rows of 14 elements each.
These actually belong in the main body of the table following La (Z = 57) and Ac
(Z = 89), as shown in Figure 3.7. They are almost always placed below the table simply to
conserve space. If the fully spread-out table is printed on one page, the type is so small that
ic’s difficult to read. Notice that in the fully extended form of the table, with all the ele-
ments arranged in their proper locations, there is a great deal of empty space. An important
requirement of a detailed atomic theory, which we will get to in Chapter 8, is that it must
explain not only the repetition of properties, but also why there is so much empty space
in the table.

The vertical columns in the periodic table are called groups, also identified by numbers.
However, there is not uniform agreement among chemists on the numbering system. In an
attempt to standardize the table, the International Union of Pure and Applied Chemistry
(the IUPAC), an international body of scientists responsible for setting standards in chem-
istry, officially adopted a system in which the groups are simply numbered sequentially,
1 through 18, from left to right using Arabic numerals. Chemists in North America favor
the system where the longer groups are labeled 1A to 8A and the shorter groups are labeled
1B to 8B in the sequence depicted in Figure 3.6. (In some texts, groups are identified with
Roman numerals; Group 3A appears as Group IIIA, for example.) Note that Group 8B
actually encompasses three short columns. The sequence of the B-group elements is unique
and will make sense when we learn more about the structure of the atom in Chapter 8.
Additionally, European chemists favor a third numbering system with the designation of A
and B groups but with a different sequence from the North American table.

In Figure 3.6 and on the inside front cover of the book, we have used both the North
American labels as well as those preferred by the IUPAC. Because of the lack of uniform
agreement among chemists on how the groups should be specified, we will use the North
American A-group/B-group designations in Figure 3.6 when we wish to specify a particu-
lar group.

As we have already noted, the elements in a given group bear similarities to each other.
Because of such similarities, groups are sometimes referred to as families of elements. The
elements in the longer columns (the A groups) are known as the representative elements or
main group elements. Those that fall into the B groups in the center of the table are called
transition elements. The elements in the two long rows below the main body of the table are
the inner transition elements, and each row is named after the element that it follows in the
main body of the table. Thus, elements 5871 are called the lanthanide elements because
they follow lanthanum (Z = 57), and elements 90-103 are called the actinide elements
because they follow actinium (Z = 89).

Some of the groups have acquired common names. For example, except for hydrogen,
the Group 1A elements are metals. They form compounds with oxygen that dissolve in

elements water to give solutions that are strongly alkaline, or caustic. As a result, they are called the

T 2

H He
E 4 5} 6 7 8 9 10
Li | Be B|C|[N|O|F]|Ne
11 | 12 13 14 | 15 | 16 | 17 | 18
Na | Mg Al Si|P|S |CI|Ar
19 20 21 22 23 24 25 26 27 28 29 30 31 32 &3 34 35 36

K | Ca| Sc Ti| V|[Cr|Mn|Fe|[Co|Ni|Cu[Zn|Ga|Ge As|Se|Br|Kr
37 38 39 40 41 42 | 43 44 45 46 47 48 49 50 51 52 53 54
Rb|[Sr| VY Zr | Nb|Mo| Tc |Ru|Rh|Pd |Ag|Cd|In|[Sn|Sb Te | | | Xe
55 | 56 | 57 [ 58 [ 59 | 60 | 61 | 62 | 63 | 64 | 65 | 66 | 67 | 68 | 69 | 70 | 71 | 72 | 73| 74 [ 75 [ 76 [ 77 [ 78 [ 79 | 80 | 81 | 82 [ 83 | 84 85 | 86
Cs|Ba|La|Ce|Pr|Nd|Pm|[Sm|Eu|[Gd|Tb|Dy|Ho|Er |Tm|[Yb|Lu|Hf| Ta| W|Re|[Os| Ir [ Pt [Au|Hg| Tl |Pb| Bi |Po At |Rn
87 88 89 90 | 91 92 93 94 | 95 96 | 97 98 99 | 100 | 101 | 102 | 103 | 104 | 105| 106 | 107 | 108 | 109 | 110 | 111 | 112 | 113 | 114 | 115 | 116 | 117 | 118
Fr |{Ra|Ac | Th|Pa| U |Np|Pu|Am|Cm|Bk [ Cf | Es |Fm|Md|No| Lr | Rf | Db| Sg|Bh | Hs | Mt | Ds |Rg | Cn |Uut|Uuq|Uup|Uuh|{Uus|Uuo

Figure 3.7 | Extended form of the periodic table. The two long rows of elements below the main
body of the table in Figure 3.6 are placed in their proper places in this table.
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alkali metals or simply the alkalis. The Group 2A elements are also metals. Their oxygen
compounds are alkaline, too, but many compounds of the Group 2A elements are unable
to dissolve in water and are found in deposits in the ground. Because of their properties
and where they occur in nature, the Group 2A elements became known as the alkaline earth
metals.

On the right side of the table, in Group 8A, are the noble gases. They used to be called
the inert gases until it was discovered that the heavier members of the group show a small
degree of chemical reactivity. The term 70ble is used when we wish to suggest a very lim-
ited degree of chemical reactivity. Gold, for instance, is often referred to as a noble metal
because so few chemicals are capable of reacting with it.

Finally, the elements of Group 7A are called the halogens, derived from the Greek word
meaning “sea” or “salt.” Chlorine (Cl), for example, is found in familiar table salt, a com-
pound that accounts in large measure for the salty taste of seawater. The other groups of the
representative elements have less frequently used names, and we will name those groups
based on the first element in the family. For example, Group 5A is the nitrogen family.

3.3 | Metals, Nonmetals, and Metalloids

The periodic table organizes all sorts of chemical and physical information about the ele-
ments and their compounds. It allows us to study systematically the way properties vary
with an element’s position within the table and, in turn, makes the similarities and differ-
ences among the elements easier to understand and remember.

Even a casual inspection of samples of the elements reveals that some are familiar metals
and that others, equally well known, are not metals. Most of us recognize metals such as
lead, iron, or gold and nonmetals such as oxygen or nitrogen. A closer look at the nonme-
tallic elements, though, reveals that some of them, silicon and arsenic to name two, have
properties that lie between those of true metals and true nonmetals. These elements are
called metalloids. The elements are not evenly divided into the categories of metals, non-
metals, and metalloids. (See Figure 3.8.) Most elements are metals, slightly over a dozen
are nonmetals, and only a handful are metalloids.

1A Metals Nonmetals . Metalloids
(1)

1| H 2A 3A  4A  5A
(2) (13) (14) (15)

6A  7A | He
(16)

B The Group 6A elements are also
called the chalcogens, and the Group
BA elements are also called the
pnictogens.

4ﬁfzgzl.si

Periodic table: metals,
nonmetals, and metalloids

W The metalloids are grouped around
the bold stair-step line that is drawn
diagonally from boron (B) down to
astatine (At).

8A
(18)

(17)

8B

0

7B —m—"—— 1B 2B

vg | 3B 4B 5B 6B
(10) (11) (12)

3 @ B . & ® 9

Ca Sc Ti \ Cr Mn Fe Co Ni Cu Zn

Periods
N
=

7| Fr Ra | fAc Rf Db Sg Bh Hs Mt Ds Rg Cn

Ce Pr Nd Pm Sm Eu Gd Tb Dy

Ho Er Tm Yb Lu

fl Th | Pa U Np Pu | Am | Cm | Bk C

Es Fm Md No Lr

Figure 3.8 | Distribution of metals, nonmetals, and metalloids among the elements in the periodic table.
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Properties of metals

W Thin lead sheets are used for
sound deadening because the easily
deformed lead absorbs the sound
vibrations.

Metals

You probably know a metal when you see one, and you are familiar with their physical
properties. Metals tend to have a shine so unique that it’s called a metallic luster. For
example, the silvery sheen of the surface of potassium in Figure 3.9 would most likely lead
you to identify potassium as a metal even if you had never seen or heard of it before. We
also know that metals conduct electricity. Few of us would hold an iron nail in our hand
and poke it into an electrical outlet. In addition, we know that metals conduct heat very
well. On a cool day, metals always feel colder to the touch than do neighboring nonmetal-
lic objects because metals conduct heat away from your hand very rapidly. Nonmetals
seem less cold because they cant conduct heat away as quickly and therefore their surfaces
warm up faster.

Other properties that metals possess, to varying degrees, are malleability—the ability to
be hammered or rolled into thin sheets—and ductility—the ability to be drawn into wire.
The ability of gold to be hammered into foils a few atoms thick depends on the malleabil-
ity of gold (Figure 3.10), and the manufacture of electrical wire is based on the ductility
of copper.

Hardness is another physical property that we usually think of for metals. Some, such
as chromium or iron, are indeed quite hard; but others, including copper and lead, are
rather soft. The alkali metals such as potassium (Figure 3.9) are so soft they can be cut with
a knife, but they are also so chemically reactive that we rarely get to see them as free
elements.

All the metallic elements, except mercury, are solids at room temperature (Figure 3.11).
Mercury’s low freezing point (—39 °C) and fairly high boiling point (357 °C) make it use-
ful as a fluid in thermometers. Most of the other metals have much higher melting points.
Tungsten, for example, has the highest melting point of any metal (3400 °C, or 6150 °F),
which explains its use as filaments that glow white-hot in electric lightbulbs.

Figure 3.11 | Mercury

Figure 3.9 | Potassium is a metal.
Potassium reacts quickly with moisture and
oxygen to form a white coating. Due to its
high reactivity, it is stored under oil to prevent
water and oxygen from reacting with it.

(© 1995 Richard Megna/Fundamental
Phorographs)

Figure 3.10 | Malleability of gold. Pure
gold is not usually used in jewelry because it
is too malleable. It is used decoratively to
cover domes since it can be hammered into
very thin sheets called gold leaf. (Joseph
Sohm; Visions of America/© Corbis)

droplet. The metal mercury (once
known as quicksilver) is a liquid

at room temperature, unlike
other metals, which are solids.

(OPC, Inc.)
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The chemical properties of metals vary tremendously. Some, such as gold and pladi-
num, are very unreactive toward almost all chemical agents. This property, plus their natu-
ral beauty and rarity, makes them highly prized for use in jewelry. Other metals, however,
. . . B We use the term “free element”
are so reactive that few people except chemists and chemistry students ever get to see them /= ="
in their “free” states. For instance, the metal sodium reacts very quickly with oxygen or  chemically combined with any other
moisture in the air, and its bright metallic surface tarnishes almost immediately. element.

Nonmetals

Substances such as plastics, wood, and glass that lack the properties of metals are said to
be nonmetallic, and an element that has nonmetallic properties is called a nonmetal. Most
often, we encounter the nonmetals in the form of compounds or mixtures of compounds.
There are some nonmetals, however, that are very important to us in their elemental
forms. The air we breathe, for instance, contains mostly nitrogen and oxygen. Both are
gaseous, colotless, and odorless nonmetals. Since we can't see, taste, or smell them, how-
ever, its difficult to experience their existence. (Although if you step into an atmosphere
without oxygen, your body will soon tell you that something is missing!) Probably the
most commonly observed nonmetallic element is carbon. We find it as the graphite in
pencils, as coal, and as the charcoal used for barbecues. It also occurs in a more valuable
form as diamond (Figure 3.12). Although diamond and graphite differ in appearance,
each is a form of elemental carbon.

Many of the nonmetals are solids at room temperature and atmospheric pressure, while
many others are gases. Photographs of some of the nonmetallic elements appear in
Figure 3.13. Their properties are almost completely opposite those of metals. Each of
these elements lacks the characteristic appearance of a metal. They are poor conductorsof ' o "0
heat and, with the exception of the graphite form of carbon, are also poor conductors of (Charles D. Winters/Photo
electricity. The electrical conductivity of graphite appears to be an accident of molecular
structure, since the structures of metals and graphite are completely different.

Figure 3.12 | Diamonds. Gems

such as these are simply another

Researchers, Inc.)

Figure 3.13 | Some nonmetallic elements. In the
bottle on the left is dark-red liquid bromine, which
vaporizes easily to give a deeply colored orange vapor.
Pale green chlorine fills the round flask in the center.
Solid iodine lines the bottom of the flask on the right
and gives off a violet vapor. Powdered red phosphorus
occupies the dish in front of the flask of chlorine, and
black powdered graphite is in the watch glass. Also

o shown are lumps of yellow sulfur. (Michael Watson)
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Figure 3.14 | Modern
electronic circuits rely on the
semiconductor properties of
silicon. The silicon wafer shown
here contains more electronic

components (10 billion) than
there are people on our entire
planet (about 6.5 billion)!
(Courtesy NASA)

The nonmetallic elements lack the malleability and ductility of metals. A lump of sul-
fur crumbles when hammered and breaks apart when pulled on. Diamond cutters rely on
the brittle nature of carbon when they split a gem-quality stone by carefully striking a
quick blow with a sharp blade.

As with metals, nonmetals exhibit a broad range of chemical reactivities. Fluorine, for
instance, is extremely reactive. It reacts readily with almost all of the other elements. At the
other extreme is helium, the gas used to inflate children’s balloons and the blimps seen at major
sporting events. This element does not react with anything, a fact that chemists find useful
when they want to provide a totally /mert (unreactive) atmosphere inside some apparatus.

Metalloids

The properties of metalloids lie between those of metals and nonmetals. This shouldn’t
surprise us since the metalloids are located between the metals and the nonmetals in the
periodic table. In most respects, metalloids behave as nonmetals, both chemically and
physically. However, in their most important physical property, electrical conductivity,
they somewhat resemble metals. Metalloids tend to be semiconductors; they conduct elec-
tricity, but not nearly as well as metals. This property, particularly as found in silicon and
germanium, is responsible for the remarkable progress made during the last five decades in
the field of solid-state electronics. The operation of every computer, audio system, TV
receiver, DVD or CD player, and AM-FM radio relies on transistors made from semicon-
ductors. Perhaps the most amazing advance of all has been the fantastic reduction in the
size of electronic components that semiconductors have allowed (Figure 3.14). To it, we
owe the development of small and versatile cell phones, cameras, flash drives, MP3 play-
ers, calculators, and computers. The heart of these devices is an integrated circuit that
begins as a wafer of extremely pure silicon (or germanium) that is etched and chemically
modified into specialized arrays of thousands of transistors.

Metallic and Nonmetallic Character

The occurrence of the metalloids between the metals and the nonmetals is our first example
of trends in properties within the periodic table. We will frequently see that as we move
from position to position across a period or down a group in the table, chemical and physi-
cal properties change in a gradual way. There are few abrupt changes in the characteristics
of the elements as we scan across a period or down a group. The location of the metalloids
can be seen, then, as an example of the gradual transition between metallic and nonmetallic
properties. From left to right across Period 3, we go from aluminum, an element that has
every appearance of a metal; to silicon, a semiconductor; to phosphorus, an element with
clearly nonmetallic properties. A similar gradual change is seen going down Group 4A.
Carbon is a nonmetal, silicon and germanium are metalloids, and tin and lead are metals.
Trends such as these are useful to spot because they help us remember properties.

3.4 |Tonic Compounds

Most of the substances that we encounter on a daily basis are not free elements but are
compounds in which the elements are combined with each other. We will discuss two
types of compounds: ionic and molecular.

Reactions of Metals with Nonmetals

Under appropriate conditions, atoms are able to transfer electrons between one another
when they react to yield electrically charged particles called ions. This is what happens, for
example, when the metal sodium combines with the nonmetal chlorine. As shown in
Figure 3.15, when sodium, a typical shiny metal, and chlorine, a pale green gas, are mixed,



a vigorous reaction takes place yielding a white powder, sodium chloride. The equation for
the reaction is

2Na(s) + Cl,(g) —— 2NaCl(s)

The changes that take place at the atomic level are also illustrated in Figure 3.15.

The formation of the ions in sodium chloride results from the transfer of electrons
between the reacting atoms. Specifically, each sodium atom gives up one electron to a
chlorine atom. We can diagram the changes in equation form by using the symbol ¢~ to
stand for an electron.

e
TN
Na+ Cl — Na'™ + CI-

The electrically charged particles formed in this reaction are a sodium ion (Na*) and a
chloride ion (Cl7). The sodium ion has a positive 1+ charge, indicated by the superscript
plus sign, because the loss of an electron leaves it with one more proton in its nucleus than
there are electrons outside. Similarly, by gaining one electron the chlorine atom has added
one more negative charge, so the chloride ion has a single negative charge indicated by the
minus sign. Solid sodium chloride is composed of these charged sodium and chloride ions
and is said to be an ionic compound.

(a) (b) (c)

Sodium

Figure 3.15 | Sodium reacts with chlorine to give the ionic compound sodium chloride,
with the reaction viewed at the atomic level. (z) Freshly cut sodium has a shiny metallic
surface. The metal reacts with oxygen and moisture, so it cannot be touched with bare fingers.
(6) Chlorine is a pale green gas. (¢) When a small piece of sodium is melted in a metal spoon and
thrust into the flask of chlorine, it burns brightly as the two elements react to form sodium
chloride. The smoke coming from the flask is composed of fine crystals of salt. The electrically
neutral atoms and molecules react to yield positive and negative ions, which are held to each
other by electrostatic attractions (attractions between opposite electrical charges). (Michael
Watson; Richard Megna/Fundamental Photographs; Richard Megna/Fundamental Photographs)

Sodium chloride
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MW Here we are concentrating on what
happens to the individual atoms,

so we have not shown chlorine as
diatomic Cl, molecules.

M A neutral sodium atom has

11 protons and 11 electrons; a sodium
ion has 11 protons and 10 electrons,
so it carries a unit positive charge.

A neutral chlorine atom has

17 protons and 17 electrons; a chloride
ion has 17 protons and 18 electrons,
so it carries a unit negative charge.
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lonic compounds

Practice Exercises

As a general rule, jonic compounds are formed when metals react with nonmetals. In the
electron transfer, however, not all atoms gain or lose just one electron; some gain or lose
more. For example, when calcium atoms react they lose two electrons to form Ca?" ions,
and when oxygen atoms form ions they each gain two electrons to give O*~ ions. Notice
that in writing the formulas for ions, the number of positive or negative charges is indi-
cated by a superscript before the positive or negative charge. (We will have to wait until a
later chapter to study the reasons why certain atoms gain or lose one electron each, whereas
other atoms gain or lose two or more electrons.)

3.8 | For cach of the following atoms or ions, give the number of protons and the number
of electrons in one particle: (a) an Fe atom, (b) an Fe** ion, (c) an N*~ ion, (d) an N atom.
(Hint: Recall that electrons have a negative charge and ions that have a negative charge
must have gained electrons.)

3.9 For each of the following atoms or ions, give the number of protons and the number
of electrons in one particle: (a) an O atom, (b) an O*~ ion, (c) an AI** ion, (d) an Al atom.

W The charges on the ions are omitted
when writing formulas for compounds
because compounds are electrically
neutral overall.

Looking at the structure of sodium chloride in Figure 3.15, it is impossible to say that
a particular Nat ion belongs to a particular Cl~ ion. The ions in a crystal of NaCl are
simply packed in the most efficient way, so that positive ions and negative ions can be as
close to each other as possible. In this way, the attractions between oppositely charged ions,
which are responsible for holding the compound together, can be as strong as possible.

Since discrete units don't exist in ionic compounds, the subscripts in their formulas are
always chosen to specify the smallest whole-number ratio of the ions. This is why the
formula of sodium chloride is given as NaCl rather than Na,Cl, or Na;Cls. The idea of a
“smallest unit” of an ionic compound is still quite often useful. Therefore, we take the
smallest unit of an ionic compound to be whatever is represented in its formula and call
this unit a formula unit. Thus, one formula unit of NaCl consists of one Na™ and one Cl~,
whereas one formula unit of the ionic compound CaCl, consists of one Ca*" and two
Cl™ ions. (In a broader sense, we can use the term formula unit to refer to whatever is
represented by a formula. Sometimes the formula specifies a set of ions, as in NaCl; some-
times it is a molecule, as in O, or H,O; sometimes it can be just an ion, as in Cl~ or Ca®*;
and sometimes it might be just an atom, as in Na.)

Experimental Evidence Exists for lons in Compounds

We know that metals conduct electricity because electrons can move from one atom to the
next in a wire when connected to a battery. Solid ionic compounds are poor conductors of
electricity as are other substances such as water. However, if an ionic compound is dis-
solved in water or is heated to a high temperature so that it melts, the resulting liquids are
able to conduct electricity easily. These observations suggest that ionic compounds are
composed of charged ions rather than neutral molecules and that these ions when made
mobile by dissolving or melting can conduct electricity. Figure 3.16 illustrates how the
electrical conductivity can be tested.

ol ol 2l 2l

Solid Molton Pure Salt
NaCl NaCl water solution

Figure 3.16 | An apparatus to test for electrical conductivity. The clectrodes are dipped into the
substance to be tested. If the lightbulb glows when electricity is applied, the sample is an electrical
conductor. Here we see that solid sodium chloride does not conduct electricity, but when the solid is
melted it does conduct. Liquid water, a molecular compound, is not a conductor of electricity
because it does not contain electrically charged particles.



Formulas of lonic Compounds

We have noted that metals combine with nonmetals to form ionic compounds. In such
reactions, metal atoms lose one or more electrons to become positively charged ions and
nonmetal atoms gain one or more electrons to become negatively charged ions. In refer-
ring to these particles, a positively charged ion is called a cation (pronounced CAZ-7-on)
and a negatively charged ion is called an anion (pronounced AN-i-on).! Thus, solid NaCl

is composed of sodium cations and chloride anions.

lons of Representative Metals and Nonmetals

The periodic table can help us remember the kinds of ions formed by many of the repre-
sentative elements (elements in the A-groups of the periodic table). For example, except
for hydrogen, the neutral atoms of the Group 1A elements always lose one electron each
when they react, thereby becoming ions with a charge of 1+. Similarly, atoms of the
Group 2A elements always lose two electrons when they react, so these elements always
form ions with a charge of 24. In Group 3A, the only important positive ion we need
consider now is that of aluminum, APP*; an aluminum atom loses three electrons when it
reacts to form this ion.

All these ions are listed in Table 3.3. Notice that the number of positive charges on each of
the cations is the same as the group number when we use the North American numbering of the
groups in the periodic table. Thus, sodium is in Group 1A and forms an ion with a 1+
charge, barium (Ba) is in Group 2A and forms an ion with a 2+ charge, and aluminum is
in Group 3A and forms an jon with a 3+ charge. Although this generalization doesn’t
work for all the metallic elements (for example, the transition elements), it does help us
remember what happens to the metallic elements of Groups 1A and 2A and aluminum
when they react.

Among the nonmetals on the right side of the periodic table we also find some useful
generalizations. For example, when they combine with metals, the halogens (Group 7A)
form ions with one negative charge (written as 1—) and the nonmetals in Group 6A form
ions with two negative charges (written as 2—). Notice that the number of negative charges
on the anion is equal to the number of spaces to the right that we have to move in the periodic
table to get to a noble gas.

Two steps, so oxygen

/NN forms O%~.

N|O| F [Ne
N NS\ Three steps, so nitrogen
forms N>~

IEL R Some lons Formed from the Representative Elements
Group Number

4A

H+

Lit Be?*t Cé- N3- o* F~-
Na™ Mg** APt Sit~ P3- N Cl-
K* Ca?t Se?~ Br~
Rb* Sr?t Te?~ I
Cs*t Ba?*

"The names cation and anion come from the way the ions behave when electrically charged metal plates called
electrodes are dipped into a solution that contains them. We will discuss this in detail in Chapter 20.
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Predicting cation charge
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Predicting anion charge
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M A substance is electrically neutral,
with a net charge of zero, if the
total positive charge equals the total
negative charge.

-??E;..s

Formulas for ionic
compounds

Example 3.3

Writing Formulas for lonic Compounds

All chemical compounds are electrically neutral, so the ions in an ionic compound always
occur in a ratio such that the total positive charge is equal to the total negative charge. This
is why the formula for sodium chloride is NaCl; the I-to- ratio of Na™ to Cl™~ gives electri-
cal neutrality. In addition, as we've already mentioned, discrete molecules do not exist in
ionic compounds, so we always use the smallest set of subscripts that specify the correct
ratio of the ions. The following, therefore, are the rules we use in writing the formulas of
ionic compounds.

Rules for Writing Formulas of lonic Compounds

1. The positive ion is given first in the formula. (This isn’t required by nature, but it is a
custom we always follow.)

2. The subscripts in the formula must produce an electrically neutral formula unit.
(Nature does require electrical neutrality.)

3. The subscripts should be the smallest set of whole numbers possible. For instance, if
all subscripts are even, divide them by 2. (You may have to repeat this simplification
step several times.)

4. The charges on the ions are not included in the finished formula for the substance.
When a subscript is 1 it is left off; no subscript implies a subscript of 1.

Writing Formulas for lonic Compounds

Write the formulas for the ionic compounds formed from (a) Ba and S, (b) Al and Cl, and
(c) Al and O.

® Analysis: To correctly write the formula, determine the charges on the anion and the
cation and then follow the rules for writing ionic compounds listed above.

= Assembling the Tools: First, we need the tool to figure out the charges of the ions
from the periodic table. Then we apply the tool that summarizes the rules for writing the
formula of ionic compounds.

= Solution:

(a) The element Ba is in Group 2A, so the charge on its ion is 2+4. Sulfur is in Group
6A, so its ion has a charge of 2—. Therefore, the ions are Ba** and S$?". Since the charges
are equal but opposite, a 1-to-1 ratio will give a neutral formula unit. Therefore, the for-
mula is BaS. Notice that we have 7oz included the charges on the ions in the finished
formula.

(b) By using the periodic table, the ions of these elements are AI** and Cl~. We can
obtain a neutral formula unit by combining one A" with three Cl™. (The charge on Cl
is 1—; the 1 is understood.)

13+) +3(1-) =0
The formula is AICl5.

(c) For these elements, the ions are A>T and O?~. In the formula we seek there must be
the same number of positive charges as negative charges. This number must be a
whole-number multiple of both 3 and 2. The smallest number that satisfies this condition
is 6, so there must be two AI>* and three O%~ in the formula.

20 2(3+) = 6+
30~ 3(2—) =6—

sum = 0

The formula is Al,Os.



A “urick” you may have seen before is to use the number of positive charges for the sub-
script of the anion and the number of negative charges as the subscript for the cation as

shown in the diagram.

When using this method, always be sure to check that the subscripts cannot be reduced
to smaller numbers.

m Are the Answers Reasonable? In writing a formula, there are two things to check.
First, be sure you've correctly written the formulas of the ions. (This is often the main
reason for a lot of mistakes.) Then check that you've combined them in a ratio that gives
electrical neutrality. Performing these checks assures us we've got the right answers.

3.10 | Write formulas for ionic compounds formed from (a) Na and E (b) Na and O,
(c) Mg and E and (d) Al and C. (Hinz: One element must form a cation, and the other will
form an anion based on its position in the periodic table.)

3.11 | Write the formulas for the compounds made from (a) Ca and N, (b) Al and Br,
(¢ Kand S, (d) Cs and Cl.
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Practice Exercises

Many of our most important chemicals are ionic compounds. We have mentioned
NaCl, common table salt, and CaCl,, which is a substance often used to melt ice on walk-
ways in the winter. Other examples are sodium fluoride, NaF, used by dentists to give fluo-
ride treatments to teeth, and calcium oxide, CaQ, an important ingredient in cement.

Cations of Transition and Post-transition Metals

The transition elements are located in the center of the periodic table, from Group 3B on
the left to Group 2B on the right (Groups 3 to 12 if using the IUPAC system). All of them
lie to the left of the metalloids, and they all are metals. Included here are some of our most
familiar metals, including iron, chromium, copper, silver, and gold.

Most of the transition metals are much less reactive than the metals of Groups 1A and
2A, but when they react they also transfer electrons to nonmetal atoms to form ionic com-
pounds. However, the charges on the ions of the transition metals do not follow as straight-
forward a pattern as do those of the alkali and alkaline earth metals. One of the characteristic
features of the transition metals is the ability of many of them to form more than one posi-
tive ion. Iron, for example, can form two different ions, Fe** and Fe’". This means that
iron can form more than one compound with a given nonmetal. For example, with chlo-
ride ion, Cl7, iron forms two compounds, with the formulas FeCl, and FeCl;. With
oxygen, we find the compounds FeO and Fe,O;. As usual, we see that the formulas con-
tain the ions in a ratio that gives electrical neutrality. Some of the most common ions of
the transition metals are given in Table 3.4. Notice that one of the ions of mercury is
diatomic Hg,**. It consists of two Hg* ions joined by the same kind of bond found in
molecular substances. The simple Hg* ion does not exist.

3.12 | Write formulas for the chlorides and oxides formed by (a) chromium and (b) copper.
(Hint: There are more than one chloride and one oxide for each of these transition metals.)

3.13 | Write the formulas for the sulfides and nitrides of (a) gold and (b) titanium.

Transition metals

it

Post-transition metals

Distribution of transition and
post-transition metals in the
periodic table.

Practice Exercises

The post-transition metals are those metals that occur in the periodic table immediately
following a row of transition metals. The two most common and important ones are tin
(Sn) and lead (Pb). Except for bismuth, post-transition metals have the ability to form two

W The prefix post means “after.”
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different ions and therefore two different compounds with a given nonmetal. For example,
tin forms two oxides, SnO and SnO,. Lead also forms two oxides that have similar formulas
(PbO and PbQO,). The ions that these metals form are also included in Table 3.4.

Compounds Containing Polyatomic lons

The ionic compounds that we have discussed so far have been hinary compounds—com-
pounds formed from zwo different elements. There are many other ionic compounds that
contain more than two elements. These substances usually contain polyatomic ions, which
are ions that are themselves composed of two or more atoms linked by the same kinds of
bonds that hold molecules together. Polyatomic ions differ from molecules, however, in
that they contain either too many or too few electrons to make them electrically neutral.
Table 3.5 lists some important polyatomic ions. It is very important that you learn the
formulas, charges, and names of all of these ions.

The formulas of compounds formed from polyatomic ions are determined in the same
way as are those of binary ionic compounds: the ratio of the ions must be such that the
formula unit is electrically neutral, and the smallest set of whole-number subscripts is
used. One difference in writing formulas with polyatomic ions is that parentheses are
needed around the polyatomic ion if a subscript is required.

bl lons of Some Transition Metals Table 3.5
LELIERAN and Post-transition Metals lon

%B:Ls

Polyatomic ions

M A substance is diatomic if it is
composed of molecules that contain
only two atoms. It is a hinary compound
if it contains two different elements,
regardless of the number of each.
Thus, BrCl is a binary compound

and is also diatomic; CHy is a binary
compound but is not diatomic.

Formulas and Names of Some Polyatomic lons

Name (Alternate Name in Parentheses)

Transition Metals NH,* Ammonium ion

Titanium Ti2t, Tit, Titt H,O+ Hydronium ion?

Chromium Cr?t, Cr?* OH~ Hydroxide ion

Manganese Mn?*, Mn?* CN- Cyanide ion

Iron Fe?t, Fe*t NO, Nitrite ion

Cobalt Co**, Co** NO;~ Nitrate ion

Nickel Ni** ClO~ or OCI- Hypochlorite ion

Copper Cu*, Cu** ClO, Chlorite ion

Zinc Zn*" ClO;~ Chlorate ion

Silver Ag* ClO, Perchlorate ion

Cadmium Cd** MnO,~ Permanganate ion

Gold Au™, AuPt C,H,0,” Acetate ion

Mercury Hg22+; Hg** C,0%+ Oxalate ion

Post-transition Metals CO5*> Carbonate ion

Tin Sn2t, Sn*t HCO;~ Hydrogen carbonate ion (bicarbonate ion)®

Lead Pb?*, Pbi* SO;> Sulfite ion

Bismuth HSO;~ Hydrogen sulfite ion (bisulfite ion)®
SO Sulfate ion
HSO, Hydrogen sulfate ion (bisulfate ion)®
SCN-— Thiocyanate ion
S,0:> Thiosulfate ion

M In general, polyatomic ions are not formed by the direct CrO42_ Chromate ion

combination of elements. They are the products of reactions

between compounds.

Cr,0,*~ Dichromate ion
PO~ Phosphate ion
HPO >~ Monohydrogen phosphate ion

H,PO,~

“You will only encounter this ion in aqueous solutions.

Dihydrogen phosphate ion

*You will often see and hear the alternate names for these ions.
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Example 3.4
Formulas That Contain Polyatomic lons

One of the minerals responsible for the strength of bones is the ionic compound calcium
phosphate, which is formed from Ca*" and PO *~. Write the formula for this compound.

m Analysis: The problem is asking for the formula of an ionic compound that contains
a polyatomic ion. While much information about ions relates to the periodic table, the
names and formula for the polyatomic ions must be memorized.

m Assembling the Tools: The essential tool for solving this problem is to follow the rules
for writing formulas, paying special attention to the requirement that the compound be
electrically neutral, which means that we have to balance the positive and negative charges.

m Solution: Since the formula must be neutral, and the number of positive charges on the
cation does not equal the number of negative charges on the anion, we use the number of
positive charges as the subscript for the anion and the number of negative charges as the
subscript for the cation. We will need three calcium ions to give a total charge of 6+ and
two phosphate ions to give a charge of 6— so that the total charge is (6+) + (6—) = 0.
The formula is written with parentheses to show that the PO*~ ion occurs two times in
the formula unit.

Ca3(POy),

m |s the Answer Reasonahle? We double-check to see that electrical neutrality is achieved
for the compound. We have six positive charges from the three Ca*" ions and six nega-
tive charges from the two PO,*~ ions. The sum is zero and our compound is electrically
neutral as required.

3.14 | Write the formula for the ionic compound formed from (a) potassium ion and ~ Practice Exercises
acetate ion, (b) strontium ion and nitrate ion, and (c) Fe?* and acetate ion. (Hinz: See
whether you remember these polyatomic ions before looking at the table.)

3.15 | Write the formula for the ionic compound formed from (a) Na* and CO;*~ and
(b) NH,* and SO,

Polyatomic ions are found in a large number of very important compounds. Examples
include CaSOy (calcium sulfate, found in plaster of Paris or gypsum), NaHCO; (sodium
bicarbonate, also called baking soda), NaOCl (sodium hypochlorite, in liquid laundry
bleach), NaNO, (sodium nitrite, a meat preservative), MgSO, (magnesium sulfate, also
known as Epsom salts), and NH/H,PO; (ammonium dihydrogen phosphate, a
fertilizer).

3.9 |Nomenclature of Ionic Compounds

In conversation, chemists rarely use formulas to describe compounds. Instead, names are
used. For example, you already know that water is the name for the compound having the
formula H,O and that sodium chloride is the name of NaCl.

At one time there was no uniform procedure for assigning names to compounds, and
those who discovered compounds used whatever method they wished. Today, we know of
more than 50 million different chemical compounds, so it is necessary to have a logical
system for naming them. Chemists around the world now agree on a systematic method
for naming substances that is overseen by the IUPAC. By using basic methods we are able to
write the correct formula given the name for the many compounds we will encounter.
Additionally, we will be able to take a formula and correctly name it, since up to this point
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Naming ionic compounds

MW To keep the name as simple as
possible, we give the minimum
amount of information necessary to
be able to reconstruct the formula.

To write the formula of an ionic
compound, we only need the formulas

of the ions.
'?'B: LS

Monatomic anion names

Example 3.5

we have used common names for substances. In addition, when we first name a com-
pound in this book, we will give the IUPAC name first, followed by the common name,
if there is one, in parentheses. We will subsequently use the common name.

Naming lonic Compounds of Representative Elements

In this section we discuss the nomenclature (naming) of simple inorganic ionic compounds.
In general, inorganic compounds are substances that would 7oz be considered to be derived
from hydrocarbons such as methane (CHy), ethane (C,Hy), and other carbon-hydrogen
compounds. In naming ionic compounds, our goal is that we want a name that someone
else could use to reconstruct the formula.

For ionic compounds, the name of the cation is given first, followed by the name of the
anion. This is the same as the sequence in which the ions appear in the formula. If the
metal in the compound forms only one cation, such as Na* or Ca*", the cation is specified
by just giving the English name of the metal. The anion in a binary compound is formed
from a nonmetal and its name is created by adding the suffix -ide to the stem of the name
for the nonmetal. An example is KBr, potassium bromide. Table 3.6 lists some common
monatomic (one-atom) negative ions and their names. It is also useful to know that the -ide
suffix is usually used only for monatomic ions, with just two common exceptions—
hydroxide ion (OH™) and cyanide ion (CN™).2

To form the name of an ionic compound, we simply specify the names of the cation
and anion. We do not need to state how many cations or anions are present, since once we
know what the ions are we can assemble the formula correctly just by taking them in a
ratio that gives electrical neutrality.

IEDI RN Monatomic Negative lons

H-  Hydride N3~ Nitride 0O?~  Okxide F~  Fluoride

C*  Carbide P3~  Phosphide $?~  Sulfide Cl-  Chloride

Si*~  Silicide As’>~  Arsenide Se?~  Selenide Br~  Bromide
Te?~ Telluride I~ Todide

Naming Compounds and Writing Formulas

(a) What is the name of SrBr,? (b) What is the formula for aluminum selenide?

® Analysis: Both compounds are ionic, and we will name the first one using the names
of the elements with the appropriate endings for the anion. For the second compound, we
will write the formula using the concept of electrical neutrality.

m Assembling the Tools: The tools that we will use will be the ones for naming ionic
compounds and the concept that ionic compounds must be electrically neutral. In naming
ionic compounds, we follow the sequence of the ions in the formula and we add the suf-
fix -ide to the stem of the anion. In writing the formula for an ionic compound, we write
the symbols in the order of the names and we make sure that the number of each element
makes the compound electrically neutral.

m Solution: (a) The compound SrBr, is composed of the elements Sr and Br. Sr is a metal
from Group 2A, and Br is a nonmetal from Group 7A. Compounds of a metal and non-
metal are ionic, so we use the rules for naming ionic compounds. The cation simply takes
the name of the metal, which is strontium. The anion’s name is derived from bromine by
replacing -ine with -ide; it is the bromide ion. The name of the compound is strontium
bromide.

“If the name of a compound ends in -ide and it isn’t either a hydroxide or a cyanide, you can feel confident
the substance is a binary compound.
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(b) Aluminum is a metal from Group 3A and forms the cation AP’*. The -ide ending
of selenide suggests the anion is composed of a single atom of a nonmetal. The only one
that begins with the letters “selen-” is selenium, Se. (See the table inside the front cover.)
The anion that is formed from selenium (Group 6A), is Se*". Since the correct formula
must represent an electrically neutral formula unit, we use the number of charges on one
ion as the subscript of the other—the formula is Al,Se;.

m Are the Answers Reasonable? First, we review the analysis and check to be sure we've
applied the correct rules, which we have. Next we can reverse the process to be sure our
name, strontium bromide does mean SrBr,, and that it is reasonable to call Al,Se; alumi-
num selenide.

3.16 | Give the correct formulas for (a) potassium sulfide, (b) barium bromide, (c) sodium
cyanide, (d) aluminum hydroxide, and (e) calcium phosphide. (Hint: Recall what the end-
ing -ide means.)

3.17 | Give the correct names for (a) AlClL;, (b) Ba(OH),, (c) NaBr, (d) CaF,, and (e) K;P.

Practice Exercises

Naming Cations of Transition Metals

Earlier we learned that many of the transition metals and post-transition metals are able to
form more than one positive ion. Compounds that contain these different ions have differ-
ent formulas, so in their names it is necessary to specify which ion is present.

The currently preferred method for naming ions of metals that can have more than one
charge in compounds is called the Stock system. Here we use the English name followed,
without a space, by the numerical value of the charge written as a Roman numeral in
parentheses.” Examples using the Stock system are shown below.

Fe?* iron(II) FeCl, iron(Il) chloride
Fe3t iron(III) FeCly iron(III) chloride
Cr?t chromium(II) CrS chromium(II) sulfide
Cr chromium(III) Cr,S; chromium(III) sulfide

Remember that the Roman numeral equals the positive charge on the metal ion; it is not nec-
essarily a subscript in the formula. For example, copper forms two oxides, one containing
the Cu™ ion and the other containing the Cu®* ion. Their formulas are Cu,O and CuO
and their names are as follows:*

Cu”" copper(I) Cu,O copper(I) oxide
Cu?t copper(I) CuO copper(Il) oxide
These copper compounds illustrate that in deriving the formula from the name, you must

figure out the formula from the ionic charges, as previously discussed in this section and
illustrated in Example 3.5.

M Alfred Stock (1876-1946), a
German inorganic chemist, was one of
the first scientists to warn the public
of the dangers of mercury poisoning.
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Using the Stock system

Example 3.6

Naming Compounds and Writing Formulas

The compound MnCl, has a number of commercial uses, including as a disinfectant, in
the manufacture of batteries, and for purifying natural gas. What is the name of the
compound?

3Silver and nickel are almost always found in compounds as Ag" and Ni*, respectively. Therefore, AgCl and
NiCl, are almost always called simply silver chloride and nickel chloride.

“For some metals, such as copper and lead, one of their ions is much more commonly found in compounds
than any of their others. For example, most common copper compounds contain Cu?* and most common
lead compounds contain Pb**. For compounds of these metals, if the charge is not indicated by a Roman
numeral, we assume the ion present has a 2+ charge. Thus, it is not unusual to find PbCl, called lead
chloride or for CuCl, to be called copper chloride.
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Example 3.7

m Analysis: We can see that the compound is an ionic compound since it is made up of a
metal and a nonmetal, so we use the rules for naming ionic compounds.

Manganese (Mn) is a transition element, and transition elements often form more than
one cation, so we apply the Stock method. We also need to determine the charge on the
manganese cation. We can figure this out because the sum of the charges on the manga-
nese and chlorine ions must equal zero, and because the only ion chlorine forms has a
single negative charge.

= Assembling the Tools: The tool we will use to find the charge on the metal ion is the
requirement that the compound be electrically neutral. Also, because the cation is that of a
transition metal, the Stock system will be the tool used to specify the charge on the cation.

m Solution: The anion of chlorine (the chloride ion) is Cl™, so a total of two negative
charges are supplied by the two Cl™ ions. Therefore, for MnCl, to be electrically neutral,
the Mn ion must carry two positive charges, 24. The cation is named as manganese(II),
and the name of the compound is manganese(Il) chloride.

m|s the Answer Reasonable? Performing a quick check of the arithmetic assures us
we've got the correct charges on the ions. Everything appears to be okay.

Naming Compounds and Writing Formulas

Practice Exercises

What is the formula for cobalt(III) fluoride?

® Analysis: To answer this question, we first need to determine the charges on the two
ions. Then we assemble the ions into a chemical formula being sure to achieve an electri-
cally neutral formula unit.

m Assembling the Tools: We will use the same tools as in Example 3.6.

m Solution: Cobalt(III) corresponds to Co’*. The fluoride ion is F~. To obtain an elec-
trically neutral substance, we must have three F~ ions for each Co* ion, so the formula
is CoF;.

m|s the Answer Reasonahle? We can check to see that we have the correct formulas of
the ions and that we've combined them to achieve an electrically neutral formula unit.
This will tell us we've obtained the correct answer.

3.18 | Name the compounds Li,S, Mg;P,, NiCl,, TiCl,, and Fe,O;. Use the Stock system
where appropriate. (Hint: Determine which metals can have more than one charge.)

3.19 | Write formulas for (a) aluminum sulfide, (b) strontium fluoride, (c) titanium(IV)
oxide, (d) cobalt(Il) oxide, and (e) gold(II) oxide.

'?'B:LE

Naming with polyatomic ions

M |t is important that you learn the
formulas (including charges) and

the names of the polyatomic ions in
Table 3.5. You will encounter them
frequently throughout your chemistry
course.

Naming lonic Compounds Containing Polyatomic lons

The extension of the nomenclature system to include ionic compounds containing poly-
atomic ions is straightforward. Most of the polyatomic ions listed in Table 3.5 are anions
and their names are used without modification as the second word in the name of the
compound. For example, Na,SO; contains the sulfate ion, SO4*~, and is called sodium
sulfate. Similarly, Cr(NOs3); contains the nitrate ion, NO;~. Chromium is a transition
element, and in this compound its charge must be 3+ to balance the negative charges of
three NO; ™~ ions. Therefore, Cr(NO3); is called chromium(III) nitrate.

Among the ions in Table 3.5, the only cation that forms compounds that can be iso-
lated is ammonium ion, NH,". It forms ionic compounds such as NH,Cl (ammonium
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chloride) and (NH),SO4 (ammonium sulfate) even though NH," is not a metal cation.
Notice that (NH,),SOy is composed of two polyatomic ions.

Example 3.8
Naming Compounds and Writing Formulas

What is the name of Mg(ClOy),, a compound used commercially for removing moisture
from gases?

® Analysis: To answer this question, it is essential that you recognize that the compound
contains a polyatomic ion since ClOy is in parentheses. If you've learned the contents of
Table 3.5, you know that “ClOy” is the formula (without the charge) of the perchlorate
ion. With the charge, the ion’s formula is CIO,~. We also have to decide whether we need
to apply the Stock system in naming the metal Mg.

m Assembling the Tools: We will use the names of polyatomic ions in Table 3.5 and the
tools about deciding whether or not to use the Stock system.

= Solution: Magnesium is in Group 2A, and it only forms the ion Mg*". Therefore, we
don’t need to use the Stock system in naming the cation; it is named simply as “magne-
sium.” The anion is perchlorate, so the name of Mg(ClOy), is magnesium perchlorate.

m|s the Answer Reasonable? We can check to be sure we've named the anion correctly,
and we have. The metal is magnesium, which only forms Mg?*". Therefore, the answer
seems to be correct.

3.20 | What are the names of (a) Li,COs, (b) KMnOy, and (c) Fe(OH)3? (Hint: Recall the Practice Exercises
names of the polyatomic ions and the positions of Li, K, and Fe in the periodic table.)

3.21 | Write the formulas for (a) potassium chlorate, (b) sodium hypochlorite, and
(c) nickel(II) phosphate.

Naming Hydrates

In Chapter 1 we discussed compounds called hydrates, such as CuSO,- 5H,0. Usually,
hydrates are ionic compounds whose crystals contain water molecules in fixed proportions
relative to the ionic substance. To name them, we provide two pieces of information: the
name of the ionic compound and the number of water molecules in the formula. The
number of water molecules is specified using the following Greek prefixes:

mono- =1 hexa- =6

di- =2 hepta- =7 TaoLs
tri- =3 octa- =8

tetra- = nona- =9 Greek prefixes
penta- =5 deca- =10

These prefixes precede the word “hydrate.” Thus, CuSOy4-5H,0 is named as “copper
sulfate pentabydrate.” Similarly, CaSOy-2H,0 is named calcium sulfate dihydrate, and
FeCl; - 6H,O is iron(III) chloride hexahydrate.’

>Chemical suppliers (who do not always follow current rules of nomenclature) sometimes indicate the
number of water molecules using a number and a dash. For example, one supplier lists Ca(NO3),-4H,0 as
“Calcium nitrate, 4-hydrate.”
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W Carbon monoxide is a poisonous gas
found in the exhaust of automobiles,
and we exhale

carbon dioxide.

3.6 | Molecular Compounds

The concept of molecules dates to the time of Dalton’s atomic theory, where a part of his
theory was that atoms of elements combine in fixed numerical ratios to form “molecules”
of a compound. By our modern definition 2 molecule is an electrically neutral particle con-
sisting of two or more atoms. Accordingly, the term molecule applies to many elements such
as H, and O, as well as to compounds.

Experimental Evidence for Molecules

One phenomenon that points to the existence of molecules is called Brownian motion, named
after Robert Brown (1773-1858), the Scottish botanist who first observed it. When very
small particles such as tiny grains of pollen are suspended in a liquid and observed under
a microscope, the tiny particles are seen to be constantly jumping and jiggling about. It
appears as though they are continually being knocked back and forth by collisions with
something. One explanation is that this “something” is molecules of the liquid. The micro-
scopic particles are constantly bombarded by molecules of the liquid, but because the
suspended particles are so small, the collisions are not occurring equally on all sides. The
unequal numbers of collisions cause the lightweight particles to jerk about. There is addi-
tional evidence for molecules, and today scientists accept the existence of molecules as
fact.

Looking more closely, within molecules the atoms are held to each other by attractions
called chemical bonds, which are electrical in nature. In molecular compounds chemical
bonds arise from the sharing of electrons between one atom and another. We will discuss
such bonds at considerable length in Chapters 9 and 10. What is important to know about
molecules now is that the group of atoms that make up a molecule move about together and
behave as a single particle, just as the various parts that make up a car move about as one
unit. The chemical formulas that we write to describe the compositions of molecules are
called molecular formulas, which specify the actual numbers of atoms of each kind that make
up a single molecule.

Compare the structures of water and sodium chloride in Figure 3.17. Water is a discrete
unit with the two hydrogen atoms bonded to the oxygen atom. In contrast, in sodium
chloride, the ions are packed as close as possible to each other; each cation has six anions
next to it, and each anion has six cations next to it. It cannot be said that one sodium ion
“belongs” to one chloride ion. Instead, there is an attraction between each ion and its near-
est neighbors of the opposite charge.

Molecular Compounds Made from Nonmetals

As a general rule, molecular compounds are formed when nonmetallic elements combine. For
example, you learned that H, and O, combine to form molecules of water. Similarly,
carbon and oxygen combine to form either carbon monoxide, CO, or carbon dioxide,
CO,. (Both are gases that are formed in various amounts as products in the combustion
of fuels such as gasoline and charcoal.) Although molecular compounds can be formed by
the direct combination of elements, often they are the products of reactions between com-
pounds. You will encounter many such reactions in your study of chemistry.

Although there are relatively few nonmetals, the number of molecular substances
formed by them is huge. This is because of the variety of ways in which nonmetals com-
bine as well as the varying degrees of complexity of their molecules. Variety and complex-
ity reach a maximum with compounds in which carbon is combined with a handful of
other elements such as hydrogen, oxygen, and nitrogen. There are so many of these com-
pounds, in fact, that their study encompasses the chemical specialties called organic chem-
istry and biochemistry.

Molecules vary in size from small to very large. Some contain as few as two atoms
(diatomic molecules). Most molecules are more complex, however, and contain more
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Figure 3.17 | Molecular and ionic
substances. (z) In water there are
discrete molecules that each consist of
one atom of oxygen and two atoms of
hydrogen. Each particle has the formula
H,O. (4) In sodium chloride, ions are
packed in the most efficient way. Each

Na' is surrounded by six Cl~, and each
Cl" is surrounded by six Na™. Because
individual molecules do not exist, we
simply specify the ratio of ions as NaCl.

Hydrogen
Oxygen

(a) (b)

atoms. Molecules of water (H,0), for example, have three atoms and those of ordinary
table sugar (C,,H,,01,) have 45. There also are molecules that are very large, such as those
that occur in plastics and in living organisms, some of which contain millions of atoms.

At this early stage we can only begin to look for signs of order among the vast number
of nonmetal-nonmetal compounds. To give you a taste of the subject, we will look briefly
at some simple compounds that the nonmetals form with hydrogen, as well as some sim-
ple compounds of carbon.

Hydrogen-containing Compounds

Hydrogen forms a variety of compounds with other elements, and the formulas of
the simple hydrogen compounds of the nonmetals (called nonmetal hydrides) are given in
Table 3.7.° These compounds provide an opportunity to observe how we can use the peri-
odic table as an aid in remembering factual information, in this case, the formulas of the
hydrogen compounds of the nonmetals. Notice that the number of hydrogen atoms com-
bined with the nonmetal atom equals the number of spaces to the right that we have to move
in the periodic table to get to a noble gas. (You will learn why this is so in Chapter 9, but for
now we can just use the periodic table to help us remember the formulas.)

Two steps, so oxygen
combines with two hydrogens to give H,O.

VA -?B:"-E
N|O| F |Ne
Predicting formulas of nonmetal
NANANA hydrogen compounds

Three steps, so nitrogen
combines with three hydrogens to give NH;.

Also note in Table 3.7 that the formulas of the hydrogen compounds within a given group
of the periodic table are similar for nonmetals. If you know the formula for the hydrogen
compound of the top member of the group, then you know the formulas of all of them
in that group.

6Table 3.7 shows how the formulas are normally written. The order in which the hydrogens appear in the
formula is not of concern to us now. Instead, we are interested in the number of hydrogens that combine with
a given nonmetal.
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W Many of the nonmetals form more
complex compounds with hydrogen,
but we will not discuss them here.

Figure 3.18 | Nonmetal
hydrides of nitrogen, oxygen,
and fluorine.

W Our goal at this time is to acquaint
you with some of the important kinds
of organic compounds we encounter
regularly, so our discussion here is
brief.

kWA Simple Hydrogen Compounds of the Nonmetallic Elements

Period

2 CH;, NH; H,O HF
3 SiHy PH, H,S HCI
4 GeHy AsH; H,Se HBr
5 SbH; H,Te HI

We live in a three-dimensional world, and this is reflected in the three-dimensional
shapes of molecules. The shapes of the simple nonmetal hydrogen containing compounds
of nitrogen, oxygen, and fluorine are illustrated as space-filling models in Figure 3.18. The
geometric shapes of molecules will be described futher in Chapter 10.

Ammonia, NH3 Water, H,0 Hydrogen fluoride, HF

Carbon Compounds: The Basis of Organic Chemistry

Among all the elements, carbon is unique in the variety of compounds it forms with ele-
ments such as hydrogen, oxygen, and nitrogen, and their study constitutes the major
specialty, organic chemistry. The term “organic” here comes from an early belief that these
compounds could only be made by living organisms. We now know this isn’t true, but the
name organic chemistry persists nonetheless.

Organic compounds are around us everywhere and we will frequently use such sub-
stances as examples in our discussions. Therefore, it will be helpful if you can begin to
learn some of them now.

The study of organic chemistry begins with hydrocarhons (compounds of hydrogen and
carbon). The simplest hydrocarbon is methane, CHy, which is a member of a series of
hydrocarbons with the general formula C,H,,,, where 7 is an integer (i.c., a whole num-
ber). The first six members of this series, called the alkane series, are listed in Table 3.8
along with their boiling points. Notice that as the molecules become larger, their boiling
points increase. Molecules of methane, ethane, and propane are illustrated as space-filling
models in Figure 3.19.

The alkanes are common substances. They are the principal constituents of petroleum
from which most of our useful fuels are produced. Methane itself is the major component
of natural gas that is often used for home heating and cooking. Gas-fired barbecues and

iE X Hydrocarbons Belonging to the Alkane Series

Compound Name Boiling Point (°C) Structural Formula

CH, Methane? —161.5 CH,

C,Hg Ethane® —88.6 CH;CH;

C;Hg Propane® —42.1 CH;CH,CH;

CH,p Butane® —0.5 CH;CH,CH,CH;

CsH,, Pentane 36.1 CH;CH,CH,CH,CH;
CeHys Hexane 68.7 CH,CH,CH,CH,CH,CH;

*Gases at room temperature (25 °C) and atmospheric pressure.



Methane, CH, Ethane, C,Hg Propane, C3Hg

some homes use propane as a fuel, and butane is the fuel in inexpensive cigarette lighters.”
Hydrocarbons with higher boiling points are found in gasoline, kerosene, paint thinners,
diesel fuel, and even candle wax.

Alkanes are not the only class of hydrocarbons. For example, there are three two-carbon
hydrocarbons. In addition to ethane, C,Hy, there are ethene (ethylene), C,H, which has
two fewer hydrogens in the molecule than ethane, and ethyne (acetylene), C,H, (which is
the fuel used in acetylene welding torches).

The hydrocarbons serve as the foundation for organic chemistry. Derived from them
are various other classes of organic compounds. An example is the class of compounds
called alcohols, in which the atoms OH replace a hydrogen in the hydrocarbon. Thus,
methanol, CH;OH (also called methyl alcobol), is related to methane, CHy, by removing
one H and replacing it with OH (Figure 3.20). Methanol is used as a fuel and as a raw
material for making other organic chemicals. Another familiar alcohol is ethanol (also
called erhyl alcohol), CHsOH. Ethanol, known as grain alcohol because it is obtained
from the fermentation of grains, is in alcoholic beverages. It is also mixed with gasoline to
reduce petroleum consumption. A 10% ethanol/90% gasoline mixture is known as gaso-
hol, and an 85% mixture of ethanol and gasoline is called E85.

Alcohols constitute just one class of compound derived from hydrocarbons. We will
discuss some others after you've learned more about how atoms bond to each other and
about the structures of molecules.

Writing Formulas for Organic Compounds

Organic formulas can be written in different ways, depending on what information is
needed. A molecular formula such as C,Hg for ethane or C;H, for propane simply indi-
cates the number of each type of atom in the molecule. The order of the elements in the
molecular formula starts with carbon since it is the basis for organic compounds. This is
followed by hydrogen, and then the rest of the elements are written in alphabetical order.
For example, sucrose is C,H»,01;. There are exceptions; for example, if we wish to empha-
size an alcohol, the OH is separated and listed last, as in ethanol, C,HsOH. Condensed
structural formulas indicate how the carbon atoms are connected. Ethane is written as
CH;CHj, and propane is CH;CH,CHj in the condensed structural formula format.

3.22 | Gasoline used in modern cars is a complex mixture of hundreds of different organic
compounds. Less than 1% of gasoline is actually octane. Write the formula for octane
using the molecular and condensed structural formats. (Hinz: To figure out the number of
carbon atoms, recall the meaning of the Greek prefix “octa.”)

3.23 | What is the formula of the alkane hydrocarbon having 10 carbon atoms, decane?
Write both the molecular formula and the condensed structural formula.

3.24 | On the basis of the discussions in this section, what are the formulas of (a) propanol
and (b) butanol? Write both the molecular formula and the condensed structural formula.
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Figure 3.19 | The first three
members of the alkane series of
hydrocarbons.

W Methanol is also known as wood
alcohol because it was originally
made by distilling wood. It is quite
poisonous. Ethanol in high doses is
also a poison.

f

Methane

Methanol

Figure 3.20 | Relationship
hetween an alkane and an
alcohol. The alcohol methanol is
derived from methane by replacing
one H by OH.

Practice Exercises

’Propane and butane are gases when they're at the pressure of the air around us, but become liquids when
compressed. When you purchase these substances, they are liquids with pressurized gas above them. The gas
can be drawn off and used by opening a valve to the container.
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Naming binary molecular
compounds

Example 3.9

3.7 |Nomenclature
of Molecular Compounds

Binary Molecular Compounds

Just as in naming the ionic compound, we want to be able to translate a chemical formula
into a name that anyone with a background in chemistry can understand. For a binary
molecular compound, therefore, we must indicate which two elements are present and the
number of atoms of each in a molecule of the substance.

To identify the first element in a formula, we just specify its English name. Thus, for
HCl the first word in the name is “hydrogen” and for PCls the first word is “phosphorus.”
To identify the second element, we append the suffix -ide to the stem of the element’s
English name just as we did for the monoatomic anions in ionic compounds.

To form the name of the compound, we place the two parts of the name one after
another. Therefore, the name of HCl is hydrogen chloride. However, to name PCls, we
need a way to specify the number of Cl atoms bound to the phosphorus in the molecule.
This is done using the Greek prefixes listed in the hydrates section on page 89; the main
difference is that the prefix mono- is often omitted.

To name PCls, therefore, we add the prefix penta- to chloride to give the name phos-
phorus pentachloride. Notice how easily this allows us to translate the name back into the
formula.

First element is P Second element is Cl

Phosphorus pentachloride ~—— PCls

Subscript of Cl is 5

The prefix mono- is used when we want to emphasize that only one atom of a particular
element is present. For instance, carbon forms two compounds with oxygen, CO and CO,.
To clearly distinguish between them, the first is called carbon monoxide (one of the “o”s
is omitted to make the name easier to pronounce) and the second is carbon dioxide.

As indicated above, the prefix mono- is often omitted from a name. Therefore, in gen-
eral, if there is no prefix before the name of an element, we take it to mean there is only one
atom of that element in the molecule. An exception to this is in the names of binary com-
pounds of nonmetals with hydrogen. An example is hydrogen sulfide. The name tells us the
compound contains the two elements hydrogen and sulfur. We dont have to be told how
many hydrogens are in the molecule because, as you learned earlier, we can use the periodic
table to determine the number of hydrogen atoms in molecules of the simple nonmetal,
hydrogen-containing compounds. Sulfur is in Group 6A, so to get to the noble gas column
(Group 8A) we have to move two steps to the right; the number of hydrogens combined
with the atom of sulfur is two. The formula for hydrogen sulfide is therefore H,S.

Naming Compounds and Writing Formulas

W Now that we’ve discussed both
ionic and molecular compounds,
this first step in the analysis will
be particularly important, because
different rules apply depending
on the type of compound being
named.

(a) What is the name of AsCl;? (b) What is the formula for dinitrogen tetraoxide?

® Analysis: (a) In naming compounds, the first step is to determine the type of com-
pound involved. Looking at the periodic table, we see that AsCl; is made up of two non-
metals, so we conclude that it is a molecular compound.

(b) To write the formula from the name, we convert the prefixes to numbers.

= Assembling the Tools: (a) We apply the tool for naming molecular compounds from
the molecule’s formula described previously.
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(b) The meanings of the Greek prefixes will be our tool to convert the prefixes to num-
bers that we apply as subscripts for the chemical symbols in the formula.

mSolution: (a) In AsCl;, As is the symbol for arsenic and Cl is the symbol for chlorine.
The first word in the name is just arsenic and the second will contain chloride with an
appropriate prefix to indicate number. There are three Cl atoms, so the prefix is tri. There-
fore, the name of the compound is arsenic trichloride.

(b) As we did earlier for phosphorus pentachloride, we convert the prefixes to numbers
and apply them as subscripts.

First element is N. Second element is O.
dinitrogen tetraoxide ~——  N;O4
Subscript of N is 2. Subscript of O is 4.

mAre the Answers Reasonahle? To feel comfortable with the answers, be sure to
double-check for careless errors. Next, take your answers and reverse the process. Does
arsenic trichloride result in the original formula, AsCl;? Does N,Oy4 have the name of
dinitrogen tetraoxide? We can say yes to both and have confidence in our work.

3.25 | Name the following compounds using Greek prefixes when needed: (a) PCls,
(b) SO,, (c) CL,O-, and (d) H,S. (Hint: See the list of prefixes above.)

3.26 | Write formulas for the following compounds: (a) arsenic pentachloride, (b) sulfur

hexachloride, (c) disulfur dichloride, and (d) hydrogen telluride.

W Sometimes we drop the a before
an o for ease of pronunciation.
N,0, would then be named
dinitrogen tetroxide.

Practice Exercises

Common Names for Molecular Compounds

Not every compound is named according to the systematic procedure we have described so
far. Many familiar substances were discovered long before a systematic method for naming
them had been developed, and they acquired common names that are so well known that
no attempt has been made to rename them. For example, following the scheme described
above we might expect that H,O would have the name hydrogen oxide (or even dihydro-
gen monoxide). Although this isn’t wrong, the common name water is so well known that
it is always used. Another example is ammonia, NHj;, whose odor you have no doubt expe-
rienced while using household ammonia solutions or the glass cleaner Windex®. Common
names are used for the other hydrogen-containing compounds of the nonmetals in Group
5A as well. The compound PHj is called phosphine and AsHj is called arsine.

Common names are also used for very complex substances. An example is sucrose,
which is the chemical name for table sugar, C,,H,,0;. The structure of this compound
is pretty complex, and its name assigned following the systematic method is equally com-
plex. It is much easier to say the simple name sucrose, and be understood, than to struggle
with the cumbersome systematic name for this common compound.

Naming Molecular and lonic Compounds

In this chapter we've discussed how to name two classes of compounds, molecular and
ionic, and you saw that slightly different rules apply to each. To name chemical com-
pounds successfully we need to make a series of decisions based on the rules we just cov-
ered. We can summarize this decision process in a flow chart such as the one shown in
Figure 3.21. The next example illustrates how to use the flow chart, and when working on
the Review Questions, you may want to refer to Figure 3.21 until you are able to develop
the skills that will enable you to work without it.
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Figure 3.21 | Flowchart for
naming molecular and ionic
compounds.

Example 3.10

START

Does _the compound YES [ 1t's an ionic compound.
contain a metal? L

NO

Is the metal able to form
more than one positive ion?

Does the compound |

contain ammonium YES{ *NO
h e
fon, NH,™ Use the Stock system to Use just the English name
NO YES identify the charge on of the metal.
the metal ion.
| |
| It's an ionic compound. | *

Does the anion consist of
just one element?

NO* *YES
It's a molecular compound.|
Name the anion as one of Name the nonmetal anion
the polyatomic anions by adding ide to the stem of
(Table 3.5). the name of the nonmetal.
Is one of the elements
hydrogen?
NO YES
Name the compound using Does the compound contain | YES Name the compound as
prefixes di, tri, etc. C and H only? an organic compound
NO i
Does the formula contain YES If the formula is NH3,
N and H only? it is ammonia.
N0 ]

Name the compound as
hydrogen —ide by inserting the
stem of the nonmetal name in
place of the dash (e.g., H,S is
hydrogen sulfide).

Applying the Rules for Naming Compounds

What is the name of (a) CrCls, (b) P,S;, and (c) NH,NO;?

m Analysis: We need to start by determining whether or not the compounds are ionic or
molecular, and then follow the rules given for naming the appropriate type of compound.

= Assembling the Tools: For each compound, we use the tools summarized in Figure 3.21
and proceed through the decision processes to arrive at the name of the compound.

m Solution: (a) Starting at the top of Figure 3.21, we first determine that the compound
contains a metal (Cr), so it’s an ionic compound. Next, we see that the metal is a transi-
tion element, and chromium is one of those that forms more than one cation, so we have
to apply the Stock method. To do this, we need to know the charge on the metal ion. We
can figure this out using the charge on the anion and the fact that the compound must
be electrically neutral overall. The anion is formed from chlorine, so its charge is 1— (the
anion is Cl7). Since there are three chlorine ions, the metal ion must be Cr?*; we name
the metal chromium(Ill). Next, we see that there is only one nonmetallic element in the
compound, Cl, so the name of the anion ends in -ide; it’s the chloride ion. The compound
CrCl; is therefore named chromium(IIl) chloride.

(b) Once again, we start at the top of Figure 3.21. First, we determine that the com-
pound doesn’t contain a metal or NH,*, so the compound is molecular. It doesnt contain
hydrogen, so we are led to the decision that we must use Greek prefixes to specify the
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numbers of atoms of each element. Applying the procedure on page 94, the name of the
compound P,S; is tetraphosphorus trisulfide.

(c) We begin at the top of Figure 3.21. Studying the formula, we see that it does not
contain the symbol for a metal, so we proceed down the left side of the figure. The formula
does contain NH,*, which indicates that the compound contains the ammonium ion,
NH,* (it’s an ionic compound). The rest of the formula is NO;, which consists of more
than one atom. This suggests the polyatomic anion, NO;~ (nitraze ion). The name of the
compound NHNO; is ammonium nitrate.

m Are the Answers Reasonable? To check the answers in a problem of this kind, review
the decision processes that led you to the names. In Part (a), you can check to be sure
you've calculated the charge on the chromium ion correctly. Also, check to be sure you've
used the correct names of any polyatomic ions. Doing these things will show that you've
named the compounds correctly.

3.27 | The compound 1,05 is used in respirators where it serves to react with highly toxic ~ Practice Exercises
carbon monoxide to give the much less toxic gas, carbon dioxide. What is the name of 1,052

(Hint: Is this a molecular or an ionic compound?)

3.28 | The compound Cr(C,H;0,); is used in the tanning of leather. What is the name

for this compound?

3.29 | The compound KCIOy is used in fireworks. What is the name for this compound?

|Summary

Atomic Structure. Atoms can be split into subatomic parti-
cles, such as electrons, protons, and neutrons. Nucleons are par-
ticles that make up the atomic nucleus and include the protons,
each of which carries one unit of positive charge (charge = 1+)
and the neutrons that have no charge. The number of protons is
called the atomic number (2) of the element. Each element has
a different atomic number. The electrons, each with one unit of
negative charge (charge = 1—), are found outside the nucleus;
their number equals the atomic number in a neutral atom. Iso-
topes of an element have identical atomic numbers but different
numbers of neutrons. In more modern terms, an element can be
defined as a substance whose atoms all have the same number of
protons in their nuclei.

Atomic Mass. An element’s atomic mass (atomic weight) is the
relative mass of its atoms on a scale in which atoms of carbon-12
have a mass of exactly 12 u (atomic mass units). Most elements
occur in nature as uniform mixtures of a small number of iso-
topes, whose masses differ slightly. However, all isotopes of an
element have very nearly identical chemical properties, and the
percentages of the isotopes that make up an element are gener-
ally so constant throughout the world that we can say that the
average mass of their atoms is a constant.

The Periodic Table. In the modern periodic table the elements
are arranged in rows, called periods, in order of increasing atomic
number. The rows are stacked so that elements in the columns,
called groups or families, have similar chemical and physical prop-
erties. The A-group elements (IUPAC Groups 1, 2, and 13-18)
are called representative elements; the B-group elements (IUPAC
Groups 3-12) are called transition elements. The two long rows

of inner transition elements located below the main body of the
table consist of the lanthanides, which follow La (Z = 57), and
the actinides, which follow Ac (Z = 89). Certain groups are given
family names: Group 1A (Group 1), except for hydrogen, are the
alkali metals (the alkalis); Group 2A (Group 2) are the alkaline
earth metals; Group 7A (Group 17) are the halogens; and Group
8A (Group 18) are the noble gases.

Metals, Nonmetals, and Metalloids. Most elements are
metals; they occupy the lower left-hand region of the periodic
table (to the left of a line drawn approximately from boron, B,
to astatine, At). Nonmetals are found in the upper right-hand
region of the table. Metalloids occupy a narrow band between
the metals and nonmetals.

Metals exhibit a metallic luster, tend to be ductile and mal-
leable, and conduct heat and electricity. Nonmetals tend to be
brittle, lack metallic luster, and are nonconductors of electricity.
Many nonmetals are gases. Metalloids have properties intermedi-
ate between those of metals and nonmetals and are semiconduc-
tors of electricity.

lons and lonic Compounds. Binary ionic compounds are
formed when metals react with nonmetals. In the reaction, electrons
are transferred from a metal to a nonmetal. The metal atom
becomes a positive ion (a cation); the nonmetal atom becomes a
negative ion (an anion). The formula of an ionic compound speci-
fies the smallest whole-number ratio of the ions. The smallest unit
of an ionic compound is called a formula unit, which specifies the
smallest whole-number ratio of the ions that produces electrical
neutrality. Many ionic compounds also contain polyatomic ions—
ions that are composed of two or more atoms.
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Naming lonic Compounds. In naming an ionic compound,
the cation is specified first, followed by the anion. Metal cations
take the English name of the element, and when more than one
positive ion can be formed by the metal, the Stock system is used
to identify the amount of positive charge on the cation. This is
done by placing a Roman numeral equal to the positive charge in
parentheses following the name of the metal. Simple monatomic
anions are formed by nonmetals, and their names are formed by
adding the suffix -ide to the stem of the nonmetal’s name. Only
two common polyatomic anions (cyanide and hydroxide) end in

the suffix -ide.

Molecules and Molecular Compounds. Molecules are elec-
trically neutral particles consisting of two or more atoms. The
erratic movements of microscopic particles suspended in a lig-
uid (Brownian motion) can be interpreted as the result of colli-
sions with molecules of the liquid. Molecules are held together by
chemical bonds that arise from the sharing of electrons between
atoms. The formulas we write for molecules are molecular formu-
las. Molecular compounds are formed when nonmetals combine
with each other. The simple nonmetal hydrides have formulas that
can be remembered by the position of the nonmetal in the peri-

T OLS

odic table. Organic compounds are hydrocarbons, or compounds
considered to be derived from hydrocarbons by replacing H at-
oms with other atoms.

Properties of Molecular and lonic Compounds. We
found that it is often possible to distinguish ionic compounds
from molecular compounds by their ability to conduct electric-
ity. Molecular compounds are generally poor electrical conduc-
tors, whereas ionic compounds when melted into the liquid state
or dissolved in water will conduct electricity readily.

Naming Molecular Compounds. The system of nomencla-
ture for binary molecular inorganic compounds uses a set of
Greek prefixes to specify the numbers of atoms of each kind
in the formula of the compound. The first element in the
formula is specified by its English name; the second element
takes the suffix -ide, which is added to the stem of the English
name. For simple nonmetal hydrogen compounds, it is not
necessary to specify the number of hydrogens in the formula.
Many familiar substances, as well as very complex molecules,
are usually identified by common names. The decision tree in
Figure 3.21 is a helpful tool in naming ionic and molecular
compounds.

Tools for Problem Solvi N2 The following tools were introduced in this chapter. Study them carefully

so you can select the appropriate tool when needed.

Number of subatomic particles in atoms (page 68)

There are three important relationships between the numbers of protons, neutrons (the nucleons), and electrons. These rela-

tionships are:

Number of electrons = number of protons

Atomic number (Z) = number of protons

Mass number (4) = number of protons + number of neutrons

Atomic symbols for isotopes (page 68)

The mass number (A4) comes before the element symbol as a superscript and the atomic number (Z) also comes before the element

as a subscript.

Relative atomic masses (page 70)

Atomic masses are relative to the mass of a 'C atom that has a mass of exactly 12 atomic mass units (u). Therefore, the atomic

mass of '2C is exactly 12 u.

Periodic table (page 73)

The periodic table has several tool icons in this chapter illustrating its use in a variety of different ways. For example, we can obtain
atomic numbers and average masses of the elements from the periodic table. The periodic table lists the atoms by atomic number
and organizes them by their properties in periods and groups. We can also tell if a element is a metal, nonmetal, or metalloid from
it position in the periodic table (page 75).
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Properties of metals (page 76)
Metals have specific properties such as luster, electrical and heat conductivity, malleability, and ductility, which help distinguish
them from nonmetals and metalloids.

lonic compounds (page 80)
The rules permit us to write correct chemical formulas for ionic compounds. You will need to learn to use the periodic table to
remember the charges on the cations and anions of the representative metals and nonmetals.

Predicting cation charge (page 81)
For the metals in Groups 1A and 2A, we can use the elements’ positions in the periodic table to obtain the charges on their ions.

Predicting anion charge (page 81)
From a nonmetal’s position in the periodic table, we can determine the charge of the monatomic anions.

Formulas for ionic compounds (page 82)
Following the rules gives us the correct formulas for ionic compounds with electrically neutral formula units and with subscripts in
the smallest set of whole numbers.

Polyatomic ions (page 84)

Certain groups of atoms arrange themselves into stable, electrically charged particles that we call polyatomic ions. It is very impor-
tant that you commit to memory the names, formulas, and charges of these ions which are listed in Table 3.5. You will need them
to write formulas and name compounds.

Naming ionic compounds (page 86)

These rules give us a systematic method for naming ionic compounds. The name of the cation is combined with the name of a
monatomic anion. These rules are used with slight modification for cations that can have more than one possible charge (see the
Stock system) and for situations in which a polyatomic ion is involved (see naming with polyatomic ions).

Monatomic anion names (page 86)
The list on this page gives the common names of anions that must be remembered so you can use them to name ionic compounds.

Using the Stock system (page 87)
The Stock system specifies the charge of a cation by placing a Roman numeral in parentheses just after the name of the cation. The
Stock system and its Roman numerals are only used for cations that can have more than one possible charge.

Naming with polyatomic ions (page 88)

Naming compounds that contain polyatomic anions is done by specifying the cation name, using the Stock system if needed, and
then specifying the polyatomic anion name as given in Table 3.5. The one polyatomic cation, the ammonium ion (NH, ), uses its
name and then the appropriate name of the anion.

Greek prefixes (page 89)

This page has a list of the Greek prefixes from one to ten that you should know for naming molecular compounds and hydrates.

Predicting formulas of nonmetal hydrogen compounds (page 91)
From a nonmetal’s position in the periodic table we can write the formula of its simple hydrogen compound. These are given in

Table 3.7.

Naming binary molecular compounds (page 94)
These rules give us a logical system for naming binary molecular compounds by specifying the number of each type of atom using

Greek prefixes.




100 Chapter 3 | Elements, Compounds, and the Periodic Table

';L‘U's = WileyPLUS, an online teaching and learning solution. Note to instructors: Many of the end-of-chapter problems are available for assign-
ment via the WileyPLUS system. www.wileyplus.com. ILW = An Interactive Learningware solution is available for this problem. OH = An Office
Hour video is available for this problem. Review Problems are presented in pairs separated by blue rules. Answers to problems whose numbers
appear in blue are given in Appendix B. More challenging problems are marked with an asterisk *.

| Review Questions

Ato
3.1

3.2

3.3

34
3.5

3.6
3.7

3.8

3.9

3.1

3.1

mic Masses and Atomic Structure

What are the names, symbols, and electrical charges of the
three subatomic particles introduced in this chapter?

Where in an atom is nearly all of its mass concentrated?
Explain your answer in terms of the particles that contribute
to this mass.

What is a nucleon? Which ones have we studied?
How was the charge-to-mass ratio of the electron determined?

How did Robert Millikan determine the charge of an elec-
tron, and how did this allow the mass of the electron to be
determined?

How was the proton discovered?

What experiment did Rutherford carry out to determine the
existence of the nucleus?

Define the terms atomic number and mass number. What

symbols are used to designate these terms?

Consider the symbol X, where X stands for the chemical
symbol for an element. What information is given in loca-

tions (a) z and (b) #?

0 Write the symbols of the isotopes that contain the following.
(Use the table of atomic masses and numbers printed inside
the front cover for additional information, as needed.)

(a) An isotope of iodine whose atoms have 78 neutrons
(b) An isotope of strontium whose atoms have 52 neutrons
(c) An isotope of cesium whose atoms have 82 neutrons
(d) An isotope of fluorine whose atoms have 9 neutrons

1 What is wrong with the following statement? “The

atomic mass of an atom of chlorine is 35.453 u.”

The Periodic Table
3.12 In the compounds formed by Li, Na, K, Rb, and Cs with

3.13

3.14

chlorine, how many atoms of Cl are there per atom of
each metal? In the compounds formed by Be, Mg, Ca, St
and Ba with chlorine, how many atoms of Cl are there
per atom of each metal? How did this kind of information
lead Mendeleev to develop his periodic table?

On what basis did Mendeleev construct his periodic table?
On what basis are the elements arranged in the modern
periodic table?

On the basis of their positions in the periodic table, why
is it not surprising that strontium-90, a dangerous radio-
active isotope of strontium, replaces calcium in newly
formed bones?

3.15 In the refining of copper, sizable amounts of silver and
gold are recovered. Why is this not surprising?

3.16 Why would you reasonably expect cadmium to be a con-
taminant in zinc but not in silver?

3.17 Using the symbol for nitrogen, '4NY, indicate what infor-
mation is conveyed by the two superscripts, and what in-

formation is conveyed by the two subscripts.

3.18 Make a rough sketch of the periodic table and mark off
those areas where you would find (a) the representative
elements, (b) the transition elements, and (c) the inner

transition elements.

3.19 Which of the following is
(a) an alkali metal? Ca, Cu, In, Li, S
(b) a halogen? Ce, Hg, Si, O, 1
(c) a transition element? Pb, W, Ca, Cs, P
(d) a noble gas? Xe, Se, H, Sr, Zr
(e) alanthanide element? Th, Sm, Ba, F, Sb
(f) an actinide element? Ho, Mn, Pu, At, Na
(g) an alkaline earth metal? Mg, Fe, K, Cl, Ni

Metals, Nonmetals, and Metalloids

3.20 Name five physical properties that we usually observe for
metals.

3.21

Why is mercury used in thermometers? Why is tungsten

used in lightbulbs?

Which nonmetals occur as monatomic gases (i.e., gases

3.22

whose particles consist of single atoms)?

3.23

Which two elements exist as liquids at room temperature
and pressure?

3.24 Which physical property of metalloids distinguishes them

from metals and nonmetals?

3.25 Sketch the shape of the periodic table and mark off

those areas where we find (a) metals, (b) nonmetals, and
(c) metalloids.

3.26 Most periodic tables have a heavy line that looks like a
staircase starting from boron down to polonium. What in-

formation does this line convey?

3.27 Which metals can you think of that are commonly used to
make jewelry? Why isnt iron used to make jewelry? Why

isn’t potassium used?

3.28 What trends—regular changes in physical or chemical
properties—in the periodic table have been mentioned in

this chapter?
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3.29 Find a periodic table on the Internet that lists physical
properties of the elements. Can you distinguish trends in
the periodic table based on (a) melting point, (b) boiling
poing, or (c) density?

lonic Compounds

3.30 Describe what kind of event must occur (involving elec-
trons) if the atoms of two different elements are to react to
form an ionic compound.

3.31 With what kind of elements do metals react?

3.32 What is an ion? How does it differ from an atom or a
molecule?

3.33 Why do we use the term formula unit for ionic compounds
instead of the term molecule?

3.34 Consider the sodium atom and the sodium ion.
(a) Write the chemical symbol of each.
(b) Do these particles have the same number of nuclei?
(©) Do they have the same number of protons?
(d) Could they have different numbers of neutrons?
(e) Do they have the same number of electrons?

3.35 Define cation, anion, and polyatomic ion.

3.36 How many electrons has a titanium atom lost if it has
formed the ion Ti*"? What are the total numbers of pro-
tons and electrons in a Ti** ion?

3.37 If an atom gains an electron to become an ion, what kind
of electrical charge does the ion have?

3.38 How many clectrons has a nitrogen atom gained if it has
formed the ion N*~? How many protons and electrons are
in an N3~ ion?

3.39 What is wrong with the formula RbCl;? What is wrong
with the formula SNa,?

3.40 A student wrote the formula for an ionic compound of
titanium as Ti,O4. What is wrong with this formula? What
should the formula be?

3.41 What are the formulas of the ions formed by (a) iron,
(b) cobalt, (¢) mercury, (d) chromium, (e) tin, and
(f) manganese?

3.42 Which of the following formulas are incorrect? Write
the formulas for the compounds correctly. (a) NaO,,
(b) RbCl, (¢) K,S, (d) AL,Cl;, (e) MgP,

3.43 What are the formulas (including charges) for (a) cyanide
ion, (b) ammonium ion, (c) nitrate ion, (d) sulfite ion,
(e) chlorate ion, and (f) sulfate ion?

3.44 What are the formulas (including charges) for (a) hypochlo-
rite ion, (b) bisulfate ion, (c) phosphate ion, (d) dihydrogen
phosphate ion, (e) permanganate ion, and (f) oxalate ion?

3.45 What are the names of the following ions? (a) Cr,O,*,
(b) OH, (c) C,H;0,7, (d) CO5>7, (e) CN-, () ClO4~

3.46 Write correct balanced equations for the reactions between

(a) calcium and chlorine, (b) magnesium and oxygen,
(¢) aluminum and oxygen, and (d) sodium and sulfur.
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3.47 Write the balanced equations for the following reactions:

(a) Iron(III) hydroxide reacts with hydrogen chloride form-
ing water and iron(III) chloride.

(b) Silver nitrate is reacted with barium chloride to form
silver chloride and barium nitrate.

3.48 Write the balanced equations for the following reac-
tions:

(a) Propane reacts with oxygen to form carbon dioxide and
water.

(b) Sodium metal is added to water and the products are
sodium hydroxide and hydrogen gas.

Molecular Compounds
3.49 With what kind of elements do nonmetals react?

3.50 Which are the only elements that exist as free, indi-
vidual atoms when not chemically combined with other
elements?

3.51 Write chemical formulas for the elements that normally
exist in nature as diatomic molecules.

3.52 Which kind of elements normally combine to form
molecular compounds?

3.53 Why are nonmetals found in more compounds than
are metals, even though there are fewer nonmetals than
metals?

3.54 Most compounds of aluminum are ionic, but a few are
molecular. How do we know that Al,Cl; is molecular?

3.55 Without referring to Table 3.7 but using the periodic
table, write chemical formulas for the simplest hydrogen
compounds of (a) carbon, (b) nitrogen, (c) tellurium, and
(d) iodine.

3.56 The simplest hydrogen compound of phosphorus is
phosphine, a highly flammable and poisonous compound
with an odor of decaying fish. What is the formula for
phosphine?

3.57 Astatine, a member of the halogen family, forms a com-
pound with hydrogen. Predict its chemical formula.

3.58 Under appropriate conditions, tin can be made to form
a simple molecular compound with hydrogen. Predict its
formula.

3.59 Write the chemical formulas for (a) methane, (b) ethane,
(c) propane, and (d) butane. Give one practical use for
each of these hydrocarbons.

3.60 What are the formulas for (a) methanol and (b) ethanol?
3.61 What is the formula for the alkane, decane, that has 10
carbon atoms?

3.62 Candle wax is a mixture of hydrocarbons, one of which is
an alkane with 23 carbon atoms. What is the formula for
this hydrocarbon?

3.63 The formula for a compound is correctly given as
CsH,0g. State two reasons why we expect this to be a
molecular compound, rather than an ionic compound.
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3.64 Explore the Internet and find a reliable source of structures
for molecular compounds. For Problems 3.59 to 3.63,
print out the ball-and-stick and space-filling models of the
compounds mentioned.

Nomenclature of lonic and Molecular Compounds

3.65What is the difference between a binary compound and one
that is diatomic? Give examples that illustrate this difference.

|Review Problems

Atomic Masses and Isotopes

3.69 The chemical substance in natural gas is a compound
called methane. Its molecules are composed of carbon
and hydrogen, and each molecule contains four atoms
of hydrogen and one atom of carbon. In this compound,
0.33597 g of hydrogen is combined with 1.0000 g of car-
bon-12. Use this information to calculate the atomic mass
of the element hydrogen.

3.70 Carbon tetrachloride contains one carbon and four
chlorine atoms. For this compound 11.818 g of chlorine
combine with 1.000 g of C-12. Using this information,
calculate the atomic mass of chlorine.

3.71 A certain element X forms a compound with oxygen in
which there are two atoms of X for every three atoms of O.
In this compound, 1.125 g of X are combined with 1.000
g of oxygen. Use the average atomic mass of oxygen to
calculate the average atomic mass of X. Use your calculated
atomic mass to identify the element X.

3.72 Nitrogen reacts with a metal to form a compound in
which there are three atoms of the metal for each atom
of nitrogen. If 1.486 g of the metal reacts with 1.000 g of
nitrogen, what is the calculated atomic mass of the metal?
Use your calculated atomic mass to identify the metal.

3.73 If an atom of carbon-12 had been assigned a relative mass
of 24.0000 u, what would be the average atomic mass of
hydrogen relative to this mass?

3.74 One atom of 'Ag has a mass that is 9.0754 times that of a
12C atom. What is the atomic mass of this isotope of silver
expressed in atomic mass units?

Atomic Structure

ILW 3.75 Naturally occurring copper is composed of 69.17% of

63Cu, with an atomic mass of 62.9396 u, and 30.83% of
%5Cu, with an atomic mass of 64.9278 u. Use these data to
calculate the average atomic mass of copper.

3.76 Naturally occurring magnesium (one of the elements
in milk of magnesia) is composed of 78.99% of Mg
(atomic mass = 23.9850 u), 10.00% of Mg (atomic
mass = 24.9858 u), and 11.01% of 26Mg (atomic mass
= 25.9826 u). Use these data to calculate the average
atomic mass of magnesium.

3.66 In naming the compounds discussed in this chapter, why
is it important to know whether a compound is molecular
or ionic?

3.67 In naming ionic compounds of the transition elements,
why is it essential to give the charge on the anion?

3.68 Describe (a) the three situations in which Greek prefixes
are used and (b) when Roman numerals are used.

ILW 3.77 Give the numbers of neutrons, protons, and electrons in the

atoms of each of the following isotopes. (a) radium-226,
(b) 2°°Pb, (c) carbon-14, (d) *Na (Use the table of atomic
masses and numbers printed inside the front cover for
additional information, as needed.)

3.78 Give the numbers of electrons, protons, and neutrons
in the atoms of each of the following isotopes. (a) cesi-
um-137, (b) *8U, (c) iodine-131, (d) ?*°Cn (As necessary,
consult the table of atomic masses and numbers printed
inside the front cover.)

3.79 Iodine-131 is used to treat overactive thyroids; it has a
mass of 130.9061 u. Give the number of protons, neu-
trons, and electrons in the atom.

3.80 In the polyatomic ion TcO4~, Tc has a hypothetical
charge of 74. The ?Tc isotope is used in medicine for
imaging purposes. It has a mass of 98.90625 u. Give
the number of protons, neutrons, and electrons for a
Tc’™ ion.

lonic Compounds

3.81 Use the periodic table, but not Table 3.3, to write the
symbols for the ions of (a) K, (b) Br, (¢) Mg, (d) S, and
(e) Al

3.82 Use the periodic table, but not Table 3.3, to write the
symbols for ions of (a) barium, (b) oxygen, (c) fluorine,
(d) strontium, and (e) rubidium.

OH 3.83 Write formulas for ionic compounds formed between

(a) Na and Br, (b) K and I, (c) Ba and O, (d) Mg and Br,
and (e) Baand E

3.84 Write the formulas for the ionic compounds formed by
the following transition metals with the chloride ion, Cl™:
(a) chromium, (b) iron, (¢) manganese, (d) copper, and
(e) zinc.

3.85 Wrrite formulas for the ionic compounds formed from (a)
K* and nitrate ion, (b) Ca?* and acetate ion, (c) ammo-
nium ion and Cl~, (d) Fe’> and carbonate ion, and (e)
Mg?*" and phosphate ion.

3.86 Write formulas for the ionic compounds formed from
(@) Zn*" and hydroxide ion, (b) Ag™ and chromate ion,
(c) Ba®>* and sulfite ion, (d) Rb* and sulfate ion, and
(e) Li* and bicarbonate ion.




3.87 Each of the following metals can form two compounds
with oxygen. Write their formulas. (a) lead, (b) tin,
(c) manganese, (d) iron, and (e) copper.

3.88 Write formulas for the ionic compounds formed from
Cl™ and (a) cadmium ion, (b) silver ion, (c) zinc ion, and

(d) nickel ion.

Nomenclature

3.89 Name the following ionic compounds: (a) CaS, (b) AlBr;,
(© Na;P, (d) Ba;As,, (e) Rb,S.

3.90 Name the following ionic compounds: (a) NaF, (b) Mg,C,
(C) Li3N, (d) A1203, (C) KZSC.

3.91 Name the following molecular compounds: (a) SiO,,

(b) XeFy, (c) P40y, (d) CLO;.

3.92 Name the following molecular compounds: (a) CIF;,
(b) S,Cl,, (c) N,Os, (d) AsCls.

3.93 Name the following ionic compounds using the Stock

system: (a) FeS, (b) CuO, (c) SnO,, (d) CoCl,-6H,0.

3.94 Name the following ionic compounds using the Stock

system: (a) Mn, 03, (b) Hg,Cl,, (¢) PbS, (d) CrCl; - 4H,0.

3.95 Name the following. If necessary, refer to Table 3.5 on
page 84. (a) NaNO,, (b) KMnOy, (¢) MgSO,-7H,0,
(d) KSCN

3.96 Name the following. If necessary, refer to Table 3.5 on page
page 84. (a) K;PO,, (b) NH,C,H;0,, (c) Fe,(CO;)s,
(d) Na,S,0;-5H,0

3.97 Identify each of the following as molecular or ionic and
give its name:

(a) CrCl, (e) KIO; (h) AgCN
(b) S,Cl, f) P,Oq (i) ZnBr,
(¢) NH,C,H;0, (g) CaSO; (j) HySe
(d) SO,

3.98 Identify each of the following as molecular or ionic and
give its name:

(@) V(NO,), (e) GeBr, (h) 1,0,
(®) Co(CH;0,),  (F) K,CrO, () LO,
(© Aw,S, (g) Fe(OH), () P.Se;
(d) Au,S
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OH 3.99 Write formulas for the following.

(a) sodium monohydrogen phosphate

(b) lithium selenide

(c) chromium(III) acetate

(d) disulfur decafluoride

(e) nickel(II) cyanide

(f) iron(I1I) oxide

(g) antimony pentafluoride

3.100 Write formulas for the following.

(a) dialuminum hexachloride
(b) tetraarsenic decaoxide
(c) magnesium hydroxide
(d) copper(Il) bisulfate
(e) ammonium thiocyanate
(f) potassium thiosulfate

(g) diiodine pentaoxide

3.101 Write formulas for the following.

(a) ammonium sulfide

(b) chromium(III) sulfate hexahydrate

(¢) silicon tetrafluoride

(d) molybdenum(IV) sulfide

(e) tin(IV) chloride

(f) hydrogen selenide

(g) tetraphosphorus heptasulfide
3.102 Write formulas for the following.

(a) mercury(Il) acetate

(b) barium hydrogen sulfite

(c) boron trichloride

(d) calcium phosphide

(e) magnesium dihydrogen phosphate

(f) calcium oxalate

(g) xenon tetrafluoride

3.103 The compounds Se,S¢ and Se,S, have been shown to be

antidandruff agents. What are their names?

3.104 The compound P,Ss is used to manufacture safety
matches. What is the name of this compound?
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| Additional Exercises

3.105 An element has 24 protons in its nucleus.
(a) Is the element a metal, a nonmetal, or a metalloid?

(b) On the basis of the average atomic mass, write the
symbol for the element’s most abundant isotope.

(c) How many neutrons are in the isotope you described
in part (b)?
part (b) OH
(d) How many electrons are in atoms of this element?
(e) How many times heavier than '>C is the average atom

of this element?
3.106 The elements in Group 1A and Group 7A of the periodic

table are some of the most reactive elements. What is the
difference in reactivity between these two groups?

3.107 Iron is composed of four isotopes with the percentage
abundances and atomic masses given in the following
table. Calculate the average atomic mass of iron.

Isotope Percentage Atomic
Abundance Mass (u)
>4Fe 5.80 53.9396
56Fe 91.72 55.9349
>7Fe 2.20 56.9354
>8Fe 0.28 57.9333

OH *3,108 Bromine (shown in Figure 3.13, page 77) is a dark red liq-
uid that vaporizes easily and is very corrosive to the skin.
It is used commercially as a bleach for fibers and silk. Nat-
urally occurring bromine is composed of two isotopes:
79Br, with a mass of 78.9183 u, and 8'Br, with a mass of
80.9163 u. Use this information and the average atomic
mass of bromine given in the table on the inside front
cover of the book to calculate the percentage abundances

of these two isotopes.

3.109 One atomic mass unit has a mass of 1.6605402 x 107 g,
Calculate the mass, in grams, of one “average” atom of
magnesium. What is the mass of one “average” atom of
iron, expressed in grams? Use these two answers to deter-
mine how many atoms of Mg are in 24.305 g of magne-
sium and how many atoms of Fe are in 55.847 g of iron.
Compare your answers. What conclusions can you draw
from the results of these calculations? Without actually
performing any calculations, how many atoms do you
think would be in 40.078 g of calcium?

OH 3.110 What are the formulas for mercury(I) nitrate dihydrate
and mercury(II) nitrate monohydrate?

3.111 Consider the following substances: Cl,, CaO, HBr,
CuCl,, AsH;, NaNO;, and NO,,.

(a) Which are binary substances?

(b) Which is a triatomic molecule?

(¢) In which do we find only electron sharing?

(d) Which are diatomic?

(e) In which do we find only attractions between ions?
(f) Which are molecular?

(g) Which are ionic?

3.112 Write the balanced chemical equation for the reaction
between elements with atomic numbers of (a) 20 and 35,
(b) 6and 17, (c) 13 and 16. For each of these, determine
the ratio of the mass of the heavier element to the lighter
element in the compound.

3.113 Write the balanced gas phase chemical equation for the
reaction of dinitrogen pentoxide with sulfur dioxide to
form sulfur trioxide and nitrogen oxide. What small,
whole-number ratios are expected for oxygen in the ni-
trogen oxides and the sulfur oxides?

3.114 Bromine is a diatomic molecule, and it has two isotopes,
7Br and ®'Br, with a natural abundance of about 50%
for each isotope. How many different molecules can be
formed for Br,? What instrument would you use to dis-
tinguish between the different molecules?

3.115 Using the figures below, match the image with the cor-
rect molecular formula: CH;CH,OH, NaCl, SnCl,, and
H,0. Write the names of the compounds.

3.116 What color are the protons, neutrons, and electrons in
the following figure? What element is it? What is the
mass number of the atom? Write the symbol for the atom
using the ;X notation.
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3.117

3.118

3.119

3.120

Imagine a world where, for some reason, hydrogen and
helium have not been discovered. Would Mendeleev have
had enough information to predict their existence?

Around 1750 Benjamin Franklin knew of two opposite
types of electric charge, produced by rubbing a glass rod or
amber rod with fur. He decided that the charge developed
on the glass rod should be the “positive” charge, and from
there on charges were defined. What would have changed
if Franklin had decided the amber rod was the positive
charge?

Explore the Internet and find a reliable source of physical
properties of elements and compounds. Justify how you
decided the site was reliable.

Spreadsheet applications such as Microsoft Excel can dis-
play data in a variety of ways, some of which are shown
throughout this book. What method of displaying peri-
odic trends (for example, line graphs, tables, bar graphs,
3-D views, etc.) is most effective for your learning style?
Explain your answer by stating why your chosen display
is better than the others.

3.121

3.122

3.123

Exercises in Critical Thinking 105

Scientists often validate measurements, such as measuring
the circumference of the earth, by using two independent
methods to measure the same value. Describe two inde-
pendent methods for determining the atomic mass of an
element. Explain how these methods are truly indepen-
dent.

Immediately after the Big Bang, helium and other very
light elements were formed. Later, more elements were
formed up to about magnesium. It was not until stars
were formed that heavier atoms up to iron were created.
The heaviest naturally occurring elements did not form
until the explosion of massive stars in supernovas. Look
at the periodic table and divide it up by these masses. Is
there any trend or information about these elements that
you can determine from this information?

Sir James Chadwick discovered the neutron. The Web
site for the Nobel Prize committee contains his accep-
tance speech for the Nobel Prize he won in physics in
1935. Read the speech and draw a diagram that summa-
rizes the experiment.
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Chapter Outline

4.1 | The Molecular Scale
versus the Laboratory
Scale

4.2 | Chemical Formulas and
Stoichiometry

4.3 | Determining Empirical
and Molecular Formulas

4.4 | The Mole and Chemical
Reactions

4.5 | Limiting Reactants

4.6 | Theoretical Yield and
Percentage Yield

Billions of hamburgers are served each year in restaurants and fast-food establish-
ments. Typically the hamburger will have one beef patty, one sliced bun, several pick-
les, and a tablespoon of sauce. At the start, restaurants order their food supplies by
the pound. In preparing an order for 1,000 hamburgers, the purchasing agent needs to
know that one hamburger requires 1/4 pound of beef, there are about 200 pickle slic-
es in a pound, a tablespoon of ketchup weighs 0.25 ounces, and each hamburger bun
weighs 1.5 ounces. From this information the purchasing agent can order 250 pounds
of ground beef, 5 pounds of pickles, 16 pounds of ketchup, and 95 pounds of hamburger
buns. Instead of counting out individual items, the agent converts them to the mass
that is required. This chapter illustrates that chemists count their atoms and molecules
the same way, by weighing them. Figure 4.1 illustrates the difference between making

a single hamburger and 1,000 hamburgers. © Michael Sofronski/The Image Works
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[ This Chapter in Context

IN this chapter we use the tools from Chapters 2 and 3 to learn the fundamentals of
chemical calculations called stoichiometry (stoy-kee-AH-meh-tree), which loosely translates
as “the measure of the elements.” You will find that these calculations are very important
for success in the chemistry laboratory. You will also find this chapter to be important for
future courses in organic chemistry, biochemistry, and almost any other advanced labora-
tory course in the sciences.

Stoichiometry involves converting chemical formulas and equations that represent
individual atoms, molecules, and formula units to the laboratory scale that uses milli-
grams, grams, and even kilograms of these substances. To do this we introduce the concept
of the mole. The mole allows the chemist to scale up from the atomic/molecular level to
the laboratory scale much as the purchasing agent in Figure 4.1 scales up the amount of
ingredients from a single hamburger to a mass-production scale. Our stoichiometric calcu-
lations are usually conversions from one set of units to another using dimensional analysis.
To be successful using dimensional analysis calculations we need two things: a knowledge
of the equalities that can be made into conversion factors and a logical sequence of steps
to guide us from the starting set of units to the desired units. Figure 4.6, at the end of this
chapter, is a flowchart that organizes the sequence of conversion steps and the conversion
factors used in stoichiometric calculations in this chapter. In the following chapters, as
we learn new concepts, they will be added to this flowchart to illustrate how many of our
chemical ideas are interrelated.

4.1|The Molecular Scale
versus the Laboratory Scale

We can tell from the fundamental measurements of the mass of the proton, neutron, and
electron in Chapter 3 that even the largest of the atoms must have extremely small masses
and correspondingly small sizes. Consequently, any sample of matter that is observable by
the naked eye must have very large numbers of atoms or molecules. The methods of cal-
culation developed in Chapter 2, along with the mole concept, allow us to count by
weighing and then use that information to solve some very interesting problems.
Counting by weighing is familiar to everyone even if we are not aware of it. Our intro-
ductory example of mass-produced hamburgers illustrated one use of counting by weighing.

1 bun 1 beef patty 2 pickles 1 tbs sauce 1 hamburger

A
aq

({{

100 Ib buns 250 Ib 101b 16 1b 1000 hamburgers
hamburger pickles sauce

Figure 4.1 | Hamburgers on the
small and large scale. Making a
single hamburger requires one bun,
one hamburger patty, two pickles,
and a tablespoon of sauce. To make
a thousand hamburgers we need
100 1Ib of rolls, 250 Ib of ham-
burger meat, 10 Ib of pickles, and
16 1b of sauce.
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Figure 4.2 | Moles of elements.
Each sample of these elements—
iron, mercury, copper, and

sulfur—contains the same number

of atoms. (Michael Watson)

*B:u_s

Atomic mass

W Mole is a Latin word with several
meanings, including a shapeless
mass, a large number, or trouble or
difficulty.

W Many chemists still use terms like
molecular weight and atomic weight
for molecular mass and atomic mass.

%B:u.s

Molecular mass or formula mass

%B:Ls

Molar mass

A pound of chocolate chips counts out the needed number of chocolate chips for your
cookies. A quarter pound of rice counts out the correct number of rice grains to accom-
pany a family meal. Weighing a bag of dimes, knowing that each dime weighs 2.27 grams,
will allow you to calculate the number of coins. Similarly, the mass of a chemical substance
can be used to determine the number of atoms or molecules in the sample. This last con-
version is possible because of the mole concept.

Defining the Mole

In Chapter 2 we noted that the mole is the SI unit for the amount of substance. The
amount of substance does not refer to the mass or volume of your sample but it does
refer to the number of atoms, molecules, or formula units, etc. in your sample. Exactly
one mole (mol) is defined as a number equal to the number of atoms in exactly 12 grams of '2C atoms.
Based on this definition and the fact that the average atomic masses in the periodic table
are relative values, we can deduce that we will have a mole of atoms of any element if we
weigh an amount equal to the atomic mass in gram units (this is often called the gram
atomic mass).

1 mole of element X = gram atomic mass of X

For example, the atomic mass of sulfur is 32.06 u and one mole of sulfur will weigh 32.06 g
and it will have as many atoms as exactly 12 g of carbon-12. Figure 4.2 is a photo showing
one mole of some common elements—iron, mercury, copper, and sulfur.

The Mole Concept Applied to Compounds

Molecules and ionic compounds discussed in Chapter 3 have definite formulas. For molecu-
lar compounds and elements, adding the atomic masses of all atoms in the formula results
in the molecular mass (sometimes called the molecular weight). The gram molecular mass of a
molecular substance (the mass in grams equal to the molecular mass) is also equal to one
mole of those molecules.

1 mole of molecule X = gram molecular mass of X

For example, the molecular mass of water is 18.02 u, the sum of the atomic masses of two
H atoms and one O atom. Similarly, the gram formula mass of an ionic compound is the
sum of the atomic masses of all the atoms in the formula of an ionic compound expressed
with units of grams.

1 mole of ionic compound X = gram formula mass of X

The ionic compound Al,O; has two aluminum atoms with an atomic mass of 26.98 u
each and three oxygen atoms with a mass of 16.00 u each. This adds up to 101.96 u, and
one mole of Al,O3 has a gram formula mass of 101.96 g.

There is a distinct similarity between all three equations above. To simplify discussions
we will often use the following relationship between moles and mass unless one of the
other, equivalent, definitions provides more clarity.

1 mole of X = gram molar mass of X

The gram molar mass (often shortened to molar mass) is simply the mass of the sub-
stance under consideration without distinguishing whether the substance is an ele-
ment, a molecule, or an ionic compound. Figure 4.3 depicts one mole of four different
compounds.
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Figure 4.3 | Moles of compounds. One
mole of four different compounds: water,
sodium chloride, copper sulfate pentahydrate,
and sodium chromate. Each sample contains
the same number of formula units or
molecules. (Michael Watson)

Converting between Mass and Moles

At this point we recognize the above relationships or equalities as the necessary informa-
tion for conversion problems similar to those in Chapter 2. Now, however, the problems
will be couched in chemical terms.

Example 4.1

Converting from Grams to Moles

Titanium(IV) oxide is one of the best sunscreens because it completely blocks ultraviolet
radiation from reaching the skin. In an experiment to prepare TiO,, we start with a 23.5 g
sample of titanium. How many moles of Ti do we have?

m Analysis: We see that the problem starts with a certain mass of titanium and asks us to
convert it to moles. This uses the tool we just described that equates moles and grams of
an element.

= Assembling the Tools: We have a tool for converting the mass into moles that states 1
mol X is equal to the atomic mass of X with gram units. Now we make it specific for titani-
um by replacing X with the symbol for titanium and entering the atomic mass of Ti to get

1 mol Ti = 47.867 g Ti

(When we work problems that include tabulated data, such as the atomic mass of Ti, we
will always keep at least one more significant figure than the given information.)

m Solution: Start by setting up the problem in the form of an equation showing the num-
ber and its units that we start with and the units we want when we're finished.

23.5 gTi = ? mol Ti

start end

Now use the equality between mass and moles to set up the ratio that will cancel the grams
of titanium as shown below

23.5 gTi x ( 1 mol Ti ): 0.491 mol Ti

47.867 gﬁ

u |s the Answer Reasonahle? First, be sure that the units cancel properly. Second, round
all numbers to one or two significant figures and calculate an estimated answer. One
way to round the numbers gives us 25/50, and that is equal to 1/2. Our answer is not
very different (very different would be a factor of 10 or more) from 1/2, so our answer is
reasonable.

M Solving stoichiometry problems
is much like giving directions from
your house to your college. You
need both the starting and ending
points. Stating the problem as an
equation gives you these reference
points, and the conversion factors
get us from the start to the end.
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Example 4.2

Converting from Moles to Grams

Practice Exercises

We need 0.254 moles of FeCl; for a certain experiment. How many grams do we need to
weigh?

m Analysis: As in the last problem the conversion is between moles and mass, but now we
also need an additional step to calculate the molar mass of FeCl;.

= Assembling the Tools: We need the tool for calculating the molar mass of FeCls. That
is the sum of masses of one mole of iron atoms and three moles of chlorine atoms.

Molar mass FeCl; = 55.845 g/mol + (3 x 35.453 g/mol) = 162.204 g/mol
Now the tool that represents the equality between mass and moles can be written as

1 mol FeCl; = 162.204 g FeCls

m Solution: The problem is set up by translating the question into equation form:
0.254 mol FeCl; = ? g FeCly

en we construct the conversion factor from the equality between mass and moles to
Th truct th factor fi he equality betw d mol
perform the conversion:

162.204 g FeCl
0.254M X [—3
IM

= 41.2 g FeCl,

m |s the Answer Reasonable? First, we verify that the units cancel properly. Next we do
an approximate calculation. If we round 0.254 to 0.25 and 162.204 to 160, the arithmetic
becomes 0.25 x 160 = 40, which gives a result that is very close to the calculated value.
Alternately we can round to one significant figure, which gives 0.3 x 200 = 60 and still
conclude that the answer is reasonable. Remember that this is just an estimate, but it tells
us that our more precise answer, 41.2 g FeCls, is in the right ballpark.

4.1 | How many moles of aluminum are there in a 3.47 gram sheet of aluminum foil used
to wrap your sandwich for lunch today? (Hin#: Recall the tool that relates the mass of an
element to moles of that element.)

4.2 | Your laboratory balance can weigh samples to three decimal places. If the uncertainty
in your weighing is #0.002 g, what is the uncertainty expressed in terms of moles, if the
sample being weighed is pure potassium sulfate?

W Avogadro’s number was named for
Amedeo Avogadro (1776-1876), an
Italian chemist who was one of the
pioneers of stoichiometry.

'?'Elfus

Avogadro’s number

Avogadro’'s Number

The SI definition of the mole refers to a number equal to the number of atoms in exactly
12 g of '*C. Just what is that number? After much experimentation the scientific com-
munity agrees that the value, to four significant figures, is 6.022 x 10%. This value has
been named Avogadro’s number. Now we can write a very important relationship between
the atomic scale and the laboratory scale as

1 mole of X = 6.022 x 10?2 units of X

The units of our chemicals can be atoms, molecules, formula units, and so on. This
means that one mole of xenon atoms is the same as 6.022 x 10* atoms of Xe. Similarly,
6.022 x 10% molecules of NO, represents one mole of nitrogen dioxide molecules.
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Using Avogadro’s Number

The relationships developed above allow us to connect the laboratory scale with the atomic
scale using our standard dimensional analysis calculations as shown in the next two
examples.

W Avogadro’s number is the link
between the moles of a substance
and its elementary units. If a problem
is on the laboratory scale (atoms or
molecules are not mentioned) then
Avogadro’s number is not needed in
the calculation.

Example 4.3

Converting from the Laboratory Scale to the Atomic Scale

Tungsten wire is the filament inside most incandescent lightbulbs. In a typical lightbulb,
the tungsten filament weighs 0.635 grams. How many atoms of tungsten are there in such

a lightbulb filament?
m Analysis: Let’s first translate the question into an equation:
0.635 g tungsten = ? atoms tungsten

Here we do not have any tool that directly relates grams of tungsten to atoms of tungsten.
However, we can start with the grams of tungsten and make the following sequence of
CONVeErsions.

grams tungsten —— moles tungsten —— atoms tungsten

m Assembling the Tools: The first tool we need is the mass-to-moles tool,
183.84 g W =1 mol W

which lets us construct conversion factors between grams of tungsten and moles of tung-
sten. Next we need the tool for Avogadro’s number that allows us to construct conversion
factors between the moles of tungsten atoms and the number of tungsten atoms,

1 mol W = 6.022 x 10% atoms W

m Solution: Having expressed the question as an equation, we can use it along with the
two tools for the conversions to construct the two conversion factors. The first is

1 mol W
183.84 g W

and the second conversion factor is

6.022 x 102 atoms W
1 mol W

We multiply the original 0.635 grams of tungsten by the conversion factors to get

1 mot W (6.022 x 102 atoms W)
0.635 X X
24 183.84 gW 1 motW

= 2.08 x 10%' atoms W

m |s the Answer Reasonahle? The most important check in this type of question involves
the magnitude of the numbers. We know that even the smallest measurable sample of a
chemical must contain a very large number of atoms. Our answer is a very large number,
and therefore the answer seems reasonable.

Molar
Mass A

Moles of A

Avogadro’s
Number

Elementary
Units of A
(atoms, molecules,
ions)

General sequence of calculations
to convert between mass and
elementary units of a substance.
Arrows indicate which tools

apply to each conversion.

M Review Table 2.4 to see that
positive exponents indicate large
numbers and negative exponents
indicate small numbers.
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Example 4.4

Calculating the Mass of a Molecule

Practice Exercises

Carbon tetrachloride was used as a dry-cleaning fluid until it was found to be carcinogenic.
What is the average mass of one molecule of carbon tetrachloride?!

m Analysis: First, we can set up the question as an equation:
1 molecule carbon tetrachloride = ? g carbon tetrachloride

We can see that this problem has many steps that need to be combined to obtain the com-
plete solution. First, we need to identify the chemical formula from its name; then we
need to use that formula to calculate the molar mass of the compound. Finally, we need to
construct the appropriate conversion factors to first convert one molecule to moles and
then convert those moles into the mass of the carbon tetrachloride molecule.

m Assembling the Tools: We first use the nomenclature tools in Chapter 3 to determine
that the formula for carbon tetrachloride is CCl,. Next, we need the tool that uses Avo-
gadro’s number,

6.022 x 10? molecules CCl; = 1 mol CCly

After that we need the tool to calculate the molar mass of CCly as the sum of the masses
of one mole of carbon and four moles of chlorine atoms, 153.823 g/mol. The molar mass
is used as our tool to express the equality

1 mol CCl, = 153.823 g CCl;

m Solution: We now follow the sequence of calculations in our analysis, and will do the
calculation in two steps. First, we construct a conversion factor using Avogadro’s number
and use it to calculate the moles of CCl,.

1 mol CCly

1 m X
© 4 (6.022 % 10 moleculesCCI,

A second conversion factor is made from the molar mass equality to convert mol CCl, to

): 1.661 x 1072 mol CCly

1.661 x 102 moleCl; x (153'823 gCCI‘*): 2555 x 1022 g CCl,

1901/861?

One molecule can be considered to be an exact number. The result is that the number of
significant figures to keep in the answer depends upon the number of significant figures
taken from the tabulated data. Four significant figures were used for Avogadro’s number
and four significant figures were kept in the answer.

m|s the Answer Reasonahle? We expect that a single molecule, even a very large mol-
ecule, would have a very small mass. Since our answer is very small, it seems reasonable.

4.3 | Most chemistry laboratories have balances that can weigh to the nearest milligram.
Would it be possible to weigh 5.64 x 10'® molecules of octadecane, C;3Hsg, on such a
balance?

4.4 | If the uncertainty in weighing a sample in the lab is 4+0.002 grams, what is this

uncertainty expressed in terms of molecules of sucrose, C,H»,01,?

!Since atomic masses given in the periodic table are weighted averages of naturally occurring isotopes, we
cannot determine the exact mass of a molecule unless we know the isotope of each atom. We can, however,
calculate an average mass as requested in this question.
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4.2 | Chemical Formulas
and Stoichiometry

Mole-to-Mole Conversion Factors

The mole ratio concept that we develop here is a very powerful and important chemical
tool. It allows the chemist to start with the amount of one substance and then find the
chemically equivalent amount of another substance without doing the actual experiments.
The relationships implied by the chemical formula allow this to happen.

Consider the chemical formula for water, H,O:

* One molecule of water contains 2 H atoms and 1 O atom.

* Two molecules of water contain 4 H atoms and 2 O atoms.

¢ A dozen molecules of water contain 2 dozen H atoms and 1 dozen O atoms.

¢ A mole of molecules of water contains 2 moles of H atoms and 1 mole of O atoms.

Whether we're dealing with atoms, dozens of atoms, or moles of atoms, the chemical for-
mula tells us that the ratio of H atoms to O atoms is always 2 to 1. In addition, we can
write the following equivalencies concerning water molecules and moles of water
molecules:

One water molecule One mole of water molecules
1 molecule H,O < 2 atoms H 1 mol H,0 < 2 mol H
1 molecule H,O < 1 atom O 1 mol H,0O < 1 mol O

1 atom O & 2 atoms H 1 mol O < 2 molH

Recall that the symbol < means “is chemically equivalent to” and that it is treated math-
ematically as an equal sign (see page 49 in Chapter 2).

Within chemical compounds, moles of atoms always combine in the same ratio as the
individual atoms themselves.

This tool allows us to use the atom-to-atom ratios in a chemical formula to easily pre-
pare mole-to-mole conversion factors for calculations on the laboratory scale. For example,
in the formula PO, the subscripts mean that there are 4 atoms of P for every 10 atoms
of O in the molecule. On the laboratory scale, this also means that there are 4 moles of P
for every 10 moles of O in 1 mole of this compound. We can relate P and O within the
compound using the following conversion factors.

4 mol P 10 mol O

4 molP < 10 mol O from which we write m or m

The formula P,O, also implies other equivalencies, each with its two associated conver-
sion factors.

1 mol POy _4molP
1 mol P40y < 4 mol P 4 mol P and 1 mol P40,

1 mol P40y 10 molO
1 mol POy < 10 mol O 10 mol O and 1 mol P,Oy

The following example illustrates how we use chemical formulas to develop mole ratios
for calculations.

%\Lsg:._s

Mole ratios
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Example 4.5

Calculating the Amount of a Compound by Analyzing One Element

Zicium phosphate Coatin

Implant

AV

Bone

New bone '

New bone

Zicium hosphate Coatir

Implant

Some surfaces on bone implants
are coated with calcium phos-
phate to permit the bone to
actually bond to the surface.

Practice Exercises

Calcium phosphate is widely found in nature in the form of natural minerals. It is also
found in bones and some kidney stones. In one case a sample is found to contain 0.864
moles of phosphorus. How many moles of Ca;(POy), are in that sample?

m Analysis: Let’s state the question in equation form first:
0.864 mol P = ? mol Ca;(POy),

Since we start with moles of one substance and end with moles of a second, this is the
appropriate place to use the mole ratio conversion factor.

m Assembling the Tools: All we need is the mole ratio tool that relates P to the chemical
formula Ca;(POy),. We write it as

2 mol P < 1 mol Ca;3(POy),
m Solution: Starting with the equation we expressed above, our tool is rearranged into

a conversion factor so that the mol P cancels and we are left with the mol Caz(PO,),.
Applying that ratio we get

0.864 mol T x [1 mol CaS(PO4)2] — 0.432 mol Ca,(PO,),

Zmo‘l/ﬁ

m|s the Answer Reasonahle? For a quick check, you can round 0.864 to 1 and divide
by 2 to get 0.5. There is little difference between our estimate 0.5 and the calculated
answer 0.432, and we conclude our answer is reasonable.

4.5 | Aluminum sulfate is analyzed, and the sample contains 0.0774 moles of sulfate ions.

How many moles of aluminum are in the sample? (Hinz: Recall the tool for writing the
correct formula for aluminum sulfate.)

4.6 | How many moles of nitrogen atoms are combined with 8.60 mol of oxygen atoms

in dinitrogen pentoxide?

'?B:Ls

Mass-to-mass conversions
using formulas

Mass-to-Mass Calculations

One common use of stoichiometry in the lab occurs when we need to determine the mass
of one reactant, B, needed to combine with a given mass of second reactant, A, to make a
compound. These calculations are summarized by the following sequence of steps to con-

vert the given mass of compound A to the mass of compound B.

mass of A—— moles of A—— moles of B—— mass of B

In the following example we see how this is applied.
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Example 4.6

Calculating the Amount of One Element
from the Amount of Another in a Compound

Chlorophyll, the green pigment in leaves, has the formula CssH,,MgN,Os. If 0.0011 g of
Mg is available to a plant for chlorophyll synthesis, how many grams of carbon will be
required to completely use up the magnesium?

m Analysis: Let’s begin, as usual, by restating the problem as follows.
0.0011gMg&2gC

The tool on the preceding page shows the sequence of steps we use to relate the mass of
one substance to the mass of another. Our first step is to convert the mass of Mg to moles
of Mg. Once we know the moles of Mg, we can convert that to the moles of C using the
formula of the compound. Finally, we can calculate the mass of the second substance, C,
from the moles using the molar mass again. The sequence of calculations can be sum-
marized as

0.0011 g Mg—— mol Mg mol C gC

m Assembling the Tools: From the sequence of steps above we see that we will need the
mass-to-moles tool to convert the mass of Mg to moles of Mg. The tool states that

24.3050 g Mg = 1 mol Mg
Next we need a mole ratio to convert moles of Mg to moles of C. This is
1 mol Mg < 55 mol C  (these are exact numbers)
Finally, the mass-to-moles tool for carbon is
I molC=12.011gC

Our complete sequence for the problem, with numbers rounded to three significant
figures, is

1 mol Mg < 24.3 g Mg 1 mol Mg < 55 mol C I molC&12.0gC
0.0011 g MgA—> mol Mg / mol C / gC

The general sequence for dealing with problems like the one were solving here is illus-
trated below. The arrows indicate which tools are used for each conversion.

Molar Mass Moles of A Chemical Moles of B Molar Mass
A Formula B

MW |n a problem that asks to
convert the amount (grams,
moles, or atomic scale units) of
one substance into the amount
of a different substance, the
most important conversion factor
is the mole-to-mole relationship
between the two substances.
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= Solution: We now set up the solution by forming conversion factors so the units cancel.

1 motMg | [55 motC | (120 gC
0.0011 =0.030 g C
%X{Mﬁ %]X[lm X[Umlf &

A plant cell must supply 0.030 g C for every 0.0011 g Mg to completely use up the mag-
nesium in the synthesis of chlorophyll.

u s the Answer Reasonable? After checking that our units cancel properly, a quick esti-
mate can be made by rounding all numbers to one significant figure. One way to do this
results in the following expression (without units):

0.001 x 1 x50 x10 _ 0.5 _ 0.05

20 x 1 x 1 =20 2 00

This value is close to the answer we got and gives us confidence that it is reasonable. (Note
that if we rounded the 55 up to 60 our estimate would have been 0.030, which would still
confirm our conclusion.)

4.7 | How many grams of iron are needed to combine with 25.6 g of O to make Fe,05?
(Hint: Recall the mole ratios that the formula represents.)

4.8 | An important iron ore called hematite contains iron(III) oxide. How many grams of
iron are in a 15.0 g sample of hematite?

4.9 | Titanium(IV) oxide is the main pigment in white and other light-colored paints. How
many grams of titanium will combine with 12.0 g of oxygen to form titanium(IV) oxide?

'}'B:LE

Percentage composition

Example 4.7

Percentage Composition

The usual form for describing the relative masses of the elements in a compound is a list
of percentages by mass called the compound’s percentage composition. The percentage by mass
of an element is the number of grams of the element present in 100 g of the compound.
In general, a percentage by mass is found by using the following equation.

mass of element

(1)
mass of whole sample x 100% 4.1)

Percentage by mass of element =

We can determine the percentage composition based on chemical analysis of a substance
as shown in the next Example.

Calculating a Percentage Composition from Chemical Analysis

A sample of a liquid with a mass of 8.657 g was decomposed into its elements and gave
5.217 g of carbon, 0.9620 g of hydrogen, and 2.478 g of oxygen. What is the percentage

composition of this compound?

® Analysis: Solving problems often requires that we know the meaning of key terms, in
this case percentage composition. We have just discussed this term and now we can apply it
in answering the question.

m Assembling the Tools: The tool we need is expressed by Equation 4.1. We are given the
mass of each element in the sample, and the sum of those masses gives us the mass of the
whole sample. The total mass is 8.657 g and the individual masses are given.
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m Solution: Using Equation 4.1 for each of the elements in sequence gives three equations
that we use to compute the needed percentages:

21

For C: 22178 100% = 60.26% C
8.657 g

For H: 0.9620 8 1009 =11.11% H
8.657 g

For O: 2478 8 100% = 28.62% O

8.657 g
Sum of percentages: 99.99%

One of the useful things about a percentage composition is that it tells us the mass of each
of the elements in 100 g of the substance. For example, the results in this problem tell us
that in 100.00 g of the liquid there are 60.26 g of carbon, 11.11 g of hydrogen, and 28.62 g
of oxygen.

u |s the Answer Reasonahle? The “check” is that the percentages must add up to 100%,
allowing for small differences caused by rounding. We can also check the individual results
by rounding all the numbers to one significant figure to estimate the results. For example,
the percentage C would be estimated as 5/9 x 100, which is a little over 50% and agrees
with our answer.

4.10 | An organic compound weighing 0.6672 g is decomposed, giving 0.3481 g carbon
and 0.0870 g hydrogen. What are the percentages of hydrogen and carbon in this com-
pound? Is it likely that this compound contains another element? (Hinz: Recall the tool
concerning the conservation of mass.)

4.11 | When 0.5462 g of a compound was decomposed, 0.2012 g of nitrogen and 0.3450
g of oxygen were isolated. What is the percentage composition of this compound? Explain
how you can determine if there are any other elements present in this compound.

Practice Exercises
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We can also determine the percentage composition of a compound from its chemi-
cal formula. If we consider one mole of a substance, its molar mass will be the mass
of the whole sample in Equation 4.1. The numerator in Equation 4.1 will be the mass
associated with one of the elements in the formula. In the next section we see how this
calculated percentage can be used as a physical property that is useful for identifying
a substance.

Percentage Composition and Chemical Identity

We can use Equation 4.1 to determine the percentage composition of any chemical com-
pound when we know its formula. Nitrogen and oxygen, for example, form all of the
following compounds: N,O, NO, NO,, N,03, N,0,, and N,Os. To identify an unknown
sample of a compound of nitrogen and oxygen, one might compare the percentage com-
position found by experiment with the calculated, or theoretical, percentages for each
possible formula. Which formula, for example, fits the percentage composition calculated
in Practice Exercise 4.11? A strategy for matching formulas with mass percentages is out-
lined in the following example.
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Example 4.8

|ldentifying a Compound Based on Percentage Composition

Practice Exercises

Do the mass percentages of 25.94% N and 74.06% O match the formula N,0O5?

® Analysis: To calculate the mass percentages we need to use Equation 4.1. Looking at
the equation, we will need the masses of N, O, and N,Oj5 in a sample of the compound. If
we choose 1 mol of the given compound to be this sample, it will be easy to determine the mass
of the oxygen, nitrogen, and dinitrogen pentoxide that make up one mole of N,O:s.

m Assembling the Tools: We need Equation 4.1 to calculate the percent composition.
We will need the tool for calculating the molar mass of N,Os and the mole ratios we can
obtain from that formula. We need to perform a mass-to-moles conversion for nitrogen
and oxygen atoms.

The required relationships are:

2 mol N <1 mol N,Os
5 mol O <1 mol N,0O5
I molN =14.01gN
1 molO =16.00g0O

m Solution: We know that 1 mol of N,O5 must contain 2 mol N and 5 mol O from the
mol ratio tool. The corresponding number of grams of N and O are found as follows.

1401gN

= 28.02 gN

1M1M

5 mokQ 1600go_80.00gO
1 m 2Us ].m

1 mol N205 108.02 g N205

1 m 505 X

Now we can calculate the percentages.

28.02

For% N:  —2928 L1009 — 25.94% N in N,O,
108.02 g

For% 0 2908 L 1009% —74.06% O in N,O,
108.02 g

Thus the experimental values do match the theoretical percentages for the formula N,Os.

m|s the Answer Reasonable? The easiest check for this problem is to be sure that
all percentages add up to 100%. They do add to 100% and so the calculated result is
reasonable.

4.12 | Calculate the theoretical percentage composition of N,Oy. (Hint: Recall the defi-

nition of percentage composition.)

4.13 | Calculate the theoretical percentage compositions for N,O, NO, NO,, N,0;, N,Oy,
and N,Os. Which of these compounds produced the data in Practice Exercise 4.11?

In working Practice Exercise 4.13, you may have noticed that the percentage composi-
tion of NO, was the same as that of N,Oy. This is because both compounds have the
same mole ratio. All compounds with the same mole ratios will have the same percentage
compositions.
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4.3 |Determining Empirical
and Molecular Formulas

One of the major activities of chemists is to synthesize compounds that have never existed
before. In pharmaceutical research, chemists often synthesize entirely new compounds, or
isolate new compounds from plant and animal tissues. They must then determine the
formula and structure of the new compound. Modern chemists use mass spectroscopy and
other moderrn instruments for structure analysis. However, they still rely upon elemental
analysis, where the compound is decomposed chemically to find the masses of elements
within a given amount of compound to determine empirical formulas. Lets see how such
experimental mass measurements, expressed in a variety of ways, can be used to determine
these formulas.

A form of the element phosphorus known as “white phosphorus” is pyrophoric—that is,
it spontaneously burns when exposed to air. The compound that forms when phosphorus
burns in oxygen consists of molecules with the formula P,O,,. When a formula gives the
composition of one molecule, it is called a molecular formula. Notice, however, that both the
subscripts 4 and 10 are divisible by 2, so the smallest numbers that tell us the ratio of P to
O are 2 and 5. We can write a simpler (but less informative) formula that expresses this
ratio, P,Os. This is called the empirical formula because it can also be obtained from an
experimental analysis of the compound.

The empirical formula expresses the simplest ratio of the atoms of each element in a
compound.

We already know that the ratio of atoms in a compound is the same as a ratio of the
moles of those atoms in the compound. We will determine the simplest ratio of moles
from experimental data. The experimental data we need is any information that allows us
to determine the moles of each element in a sample of the compound. We will investigate
three types of data that can be used to determine empirical formulas. They are (a) masses
of the elements, (b) percentage composition, and (c) combustion data. In all three, the
goal is to obtain the simplest ratio of moles of each element in the formula.

Empirical Formulas from Mass Data

If we determine the mass of each element in a pure sample of a compound we can calculate
the moles of each element. From that we can find the simplest ratio of moles, which by
definition is the empirical formula. In many instances, we can analyze a sample for all but
one element and then use the law of conservation of mass to calculate the missing mass, as
shown in the next example.

'?'B:LE

Empirical formulas

Example 4.9

Calculating an Empirical Formula from Mass Data

A 2.57 g sample of a compound composed of only tin and chlorine was found to contain
1.17 g of tin. What is the compound’s empirical formula?

m Analysis: The subscripts in an empirical formula can be interpreted as the relative num-
ber of moles of the elements in a compound. If we can find the mole ratio of Sn to Cl,
we will have the empirical formula. The first step, therefore, is to convert the numbers of
grams of Sn and Cl to the numbers of moles of Sn and Cl. Then we convert these numbers
into their simplest positive whole-number, or integer, ratio.

W The word integer is synonymous
with whole number. Integers

are never fractions or decimal
numbers. Exact numbers are
often integers.
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The problem did not give the mass of chlorine in the 2.57 g sample. However, we can
calculate it using the tool that expresses the law of conservation of mass.

= Assembling the Tools: The law of conservation of mass, one of our tools from Chapter 1,
requires that the mass of compound equal the sum of the mass of Cl and the mass of Sn.

2.57 g compound = mass of Cl + 1.17 g Sn
The molar mass is the tool that allows us to calculate the moles of each element.
118.7 g Sn = 1 mol Sn
35.45 g Cl = 1 mol Cl
m Solution: First, we find the mass of Cl in 2.57 g of compound:
Mass of Cl = 2.57 g compound — 1.17 g Sn = 1.40 g CI

Now we use the molar mass equalities to create ratios to convert the mass data for tin and
chlorine into moles.

1.17 g 81 x _LmolSn 5 60986 mol Sn

118.7 n
140 el x L™l _ 60395 mol
35.45 ¢ €l

We could now write a formula: Sng g9gsClg 0305, Which does express the mole ratio,
but subscripts also represent atom ratios and need to be integers. To convert the decimal
subscripts to integers, we begin by dividing each by the smallest number in the set. 7his is
always the way to begin the search for whole-number subscripts; pick the smallest number of the
set as the divisor. It's guaranteed to make at least one subscript a whole number—namely, 1.
Here, we divide both numbers by 0.00986.

Sn.009s6Cl 0.0395 = Sn;00Cly o1
0.00986  0.00986

In most cases if, after this step, a calculated subscript differs from a whole number by
less than 0.1, we can safely round to the nearest whole number. We may round 4.01 to 4,
so the empirical formula is SnCl,.

m |s the Answer Reasonable? In addition to the fact that whole-number subscripts were
easily found, you should also recall from Chapter 3 that tin forms either the Sn** or the
Sn“** ion and that chlorine forms only the CI~ ion. Therefore either SnCl, or SnCly is a
reasonable compound, and one of them was our answer.

4.14 | A 1525 g sample of a compound between nitrogen and oxygen contains 0.712 g
of nitrogen. Calculate its empirical formula. (Hint: How many grams of oxygen are there?)

4.15| A 1.525 g sample of a compound between sulfur and oxygen was prepared by
burning 0.7625 g of sulfur in air and collecting the product. What is the empirical for-
mula for the compound formed?

Sometimes our strategy of using the lowest common divisor does not give whole num-
bers. If a decimal value corresponding to a rational fraction results, we can obtain integers
by multiplying by the denominator of the rational fraction. Let’s see how to handle such a
situation.
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Example 4.10

Calculating an Empirical Formula from Mass Composition

One of the compounds of iron and oxygen, “black iron oxide,”
occurs naturally in the mineral magnetite. When a 2.448 g sample
was analyzed it was found to have 1.771 g of Fe and 0.677 g of O.
Calculate the empirical formula of this compound.

® Analysis: We are given the masses of both iron and oxygen and
we need to convert these masses into moles using their atomic mass-
es. Finally, we need to obtain the simplest whole-number ratio of the
moles of the elements to use as subscripts in the empirical formula.

m Assembling the Tools: The moles of each element are obtained
from a mass-to-moles conversion using the equalities:

1 mol Fe =55.845gFe and 1molO =16.00g0O

We then follow the procedure above for obtaining integer subscripts.

The mineral magnitite like any magnet, is able to affect

the orientation of a compass needle.

If we do not get integers (within & 0.1) we will need to find the (Visuals Unlimied)

rational fraction that corresponds to the decimal portion of the
number and multiply by its denominator.

m Solution: The moles of Fe and O in the sample are calculated.

1771 gFe x _lmolFe _ 03171 ol Fe

55.845 %Fé

0677 g0 x MO _ 043 mol O

1605/6

These results let us write the formula as Feg o3;7,0¢ 0423-
Our first effort to change the ratio of 0.03171 to 0.0423 into whole numbers
is to divide both by the smallest number, 0.03171.

Fe.031710 0.0423 = Feq00001.33
0.03171  0.03171

This time we cannot round 1.33 to 1.0 because the decimal we want to round,
0.33, is larger than the 0.1 criterion established previously. The subscript for O,
1.33, is much too far from a whole number to round off. In a mole sense, the ratio
of 1 to 1.33 is correct; we just need a way to re-state this ratio in whole numbers.

Decimal and

lelelie 2. Rational Fractions

Decimal Fraction?
0.20 1/5
0.25 1/4
0.33 1/3
0.40 2/5
0.50 1/2
0.60 3/5
0.66 2/3
0.75 3/4
0.80 4/5

“Use the denominator of the fraction as a
multiplier to create whole-number sub-
scripts in empirical formulas.

To do this, we need to recognize that the decimal 0.33 represents 1/3 (one-third). The

denominator is 3, and if we multiply both subscripts by 3 we will get

l:Ca.ooo X 3)0(1.33 x3) — Fe; 00003.99

%Lsg:u_s

Determination of integer

or a formula of Fe;0,. Table 4.1 in the margin lists some common decimals and their  subscripts

related fractions.

A less mathematical method that works is to use trial and error. First, multiply all
subscripts by 2; if that does not give integer subscripts, go back and try 3, then 4, 5, and
so on. In this example you would have found integer subscripts after multiplying by 3.

m |s the Answer Reasonahle? One way to check our answer is to estimate the percentage
of iron from the given data and from our result. The given data for iron is 1.771 g Fe and

the whole sample weighs 2.448 g. The percentage iron is estimated as:

1.771
L7718 100~ 188 w100 = 2 x 100 = approximately 75%
2.448 ¢ 24¢g 4
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In one mole of the compound Fe;Oy, the mass of iron is 3 x 55.8 = 167.4 and the molar
mass is 231.4. The percentage of iron is estimated as:

167.4 g N 1 B 1.7g B ' .
231‘4 g X 100 =~ Tog x 100 = ﬁg X 100 = apprOXLmately 75/0

We don't have to do any calculations because we can see that mathematical expressions
from both calculations are almost the same, and the answers will be very close to each
other. Let’s compare the bold term from each equation:

1.8 ¢ 1.7 g

2AgxlOOzﬁgxlOO

We are able to conclude that our percentages of iron are the same and our empirical for-
mula is reasonable.

4.16 | When aluminum is produced by electrolysis we get 5.68 tons of aluminum and
5.04 tons of oxygen. What is the empirical formula of the compound that is being electro-
lyzed? (Hint: 1 ton =20001band 11b =454 g.)

4.17 | A 2.012 g sample of a compound of nitrogen and oxygen has 0.522 g of nitrogen.
Calculate its empirical formula.

'?}Egus

Empirical formulas from
percentage composition

Example 4.11

Empirical Formulas from Experimental
Mass Percentages

Only rarely is it possible to obtain the masses of every element in a compound by the use
of just one weighed sample. Two or more analyses carried out on different samples are
often needed. For example, suppose an analyst is given a compound known to consist
exclusively of calcium, chlorine, and oxygen. The mass of calcium in one weighed sample
and the mass of chlorine in another sample would be determined in separate experiments.
Then the mass data for calcium and chlorine would be converted to percentages by mass
so that the data from different samples relate to the same sample size, namely, 100 g of
the compound. The percentage of oxygen would be calculated by difference because % Ca +
% Cl + % O = 100%. If we consider a 100 g sample of our compound, each mass per-
centage of an element would represent the number of grams of that element in the sample.
From here, the masses are next converted into the corresponding number of moles of each
elemenct. Finally, mole proportions are converted to integers in the way we just studied,
giving us the subscripts for the empirical formula. Lets see how this works.

Calculating an Empirical Formula from Percentage Composition

W We see a general principle that
by assuming a 100 g sample,

all percent signs can be easily
changed to gram units for our
calculations.

A white powder used in paints, enamels, and ceramics has the following percentage com-
position: Ba, 69.6%; C, 6.09%; and O, 24.3%. What is its empirical formula? What is the
name of this compound?

® Analysis: Consider having 100 grams of this compound. The percentages of the ele-
ments given in the problem are numerically the same as the masses of these elements in a
100 g sample.

Now that we have the masses of the elements we can calculate the moles of each ele-
ment and then the integer values for the subscripts as we did in the previous examples.
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m Assembling the Tools: We will need the molar mass as our tool to determine the moles
of each element. We will also need the procedures for finding integer subscripts.

= Solution: Assuming a 100 g sample of the compound, we quickly convert 69.6% Ba
t0 69.6 g Ba, 6.09% C to0 6.09 g C, and 24.3% O to 24.3 g O. Now these masses are

converted to moles.

Ba: 69.6 2 X ﬂ: 0.507 mol Ba
137.3 a

C: 6.09gC x—2UC 6507 molc
12.01;/6

O: 24350 o tmolO oy 1O

Our preliminary empirical formula is then
Bay 507Co.50701.52
We next divide each subscript by the smallest value, 0.507.

Bas507Co5070 152 = BaLOOCI.OOOS.OO
0.507 0.507 0.507

The subscripts are whole numbers, so the empirical formula is BaCOj, representing
barium carbonate.

m|s the Answer Reasonable? First of all, we found simple, whole-number, subscripts,
which strongly suggest that the answer is right. In addition, our knowledge of ionic com-
pounds and the polyatomic ions from Chapter 3 tells us that the combination of a barium
ion, Ba*", and the carbonate ion, CO;*7, yields the same formula, BaCO;. We can con-
clude that our answer is reasonable.

4.18 | A white solid used to whiten paper has the following percentage composition: Na, ~ Practice Exercises

32.4%; S, 22.6%. The unanalyzed element is oxygen. What is the compound’s empirical
formula? (Hint: What law allows you to calculate the % oxygen?)

4.19 | Cinnamon gets some of its flavor from cinnamaldehyde that is 81.79% C; 6.10%
H and the rest is oxygen. Determine the empirical formula for this compound.

123

The law of conservation of mass and its use with percentage composition is important
because it allowed us to determine the amount of three substances using only two experi-
ments. This in itself is a considerable saving in time and effort. Additionally, it is often
difficult to analyze a sample for certain elements, oxygen for example, and using percent-
age measurements helps avoid this problem.

Empirical Formulas from Indirect Analysis

In practice, a compound is seldom broken down completely to its elements in a quantita-
tive analysis. Instead, the compound is changed into other compounds. The reactions sepa-
rate the elements by capturing each one entirely (quantitatively) in a separate compound
whose formula is known.

In Example 4.12, we illustrate the indirect analysis of a compound made entirely of
carbon, hydrogen, and oxygen. Such compounds burn completely in pure oxygen—it is
called a combustion reaction—and the sole products are carbon dioxide and water. (This
particular kind of indirect analysis is sometimes called a combustion analysis.) The complete
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ON THE CUTTING EDGE‘4. 1

Combustion Analysis

Determining the mass of carbon and hydrogen in a compound can
be done by burning the compound in pure oxygen in the presence
of substances called catalysts that ensure complete conversion of
carbon to CO, and hydrogen to H,0. The stream of gases passes
through a pre-weighed tube containing anhydrous calcium sul-
fate and then through a second pre-weighed tube containing so-
dium hydroxide. The first tube absorbs the water and the second
absorbs the carbon dioxide, as seen in Figure 1.

The increase in masses of these tubes represents the masses
of CO, and H,0 from which the masses of carbon and hydrogen
can be calculated. If a compound contains oxygen, it would be
determined by subtracting the mass of hydrogen and carbon from
the total mass burned. Compounds containing nitrogen, sulfur,
or a halogen are more difficult to analyze and often require ad-
ditional time-consuming experiments.

Modern instruments automate the process of analyzing the
combustion products using a technique called gas chromatog-
raphy. After burning a weighed sample, advanced catalysts

2;](’1%3" Compound to be

analyzed

here

Carbon dioxide
absorber absorber

Oxygen Helium

Dynamic
flash

- -ia-—@

combustion
1800°C

Oxidation

Reduction

Injector Column Detector

make sure that all the carbon, nitrogen, and sulfur atoms are
converted to CO,, N,, and SO,. One instrument automatically
takes a small sample of the gases and injects it into a gas chro-
matograph. Within the instrument the gases travel through a
tubular column packed with absorbents that cause each gas to
travel at a different rate. At the end of the column a thermal
conductivity detector, which measures the ability of a gas to dis-
sipate heat, senses each component of the mixture. The result
is a chromatogram with a peak for each separate substance, as
shown in Figure 2.

The area of each peak is proportional to the amount of
each gas, and the internal computer computes the percent-
age composition. Very pure compounds, called standards, with
known percentages of each element are burned to calibrate the
instrument.

All instruments require standard samples of high purity
and known composition to calibrate the readout. Typically, the
classical method takes about 30 minutes per sample, and the
instruments, once calibrated, take between 2 and 5 minutes per
sample.

Figure 1 Classic CH analysis. This experimental
Unused setup shows pure oxygen added to the compound.
| oxygen Combustion products are absorbed by reaction with
leaves chemicals in the U-tubes. Calcium sulfate absorbs
= — water and sodium hydroxide absorbs carbon
dioxide.

Figure 2 Diagram of an automated CHNS elemental analysis
system. The diagram illustrates the combustion chamber,
the chromatography column, a thermal conductivity
detector, and a sample of a chromatogram with peaks for
N,, CO,, H,0, and SO,.
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combustion of methyl alcohol (CH30H), for example, occurs according to the following
equation.

2CH,OH + 30,—— 2CO, + 4H,0

The carbon dioxide and water can be separated and are individually weighed. Notice that
all of the carbon atoms in the original compound end up among the CO, molecules, and
all of the hydrogen atoms are in H,O molecules. In this way at least two of the original
elements, C and H, are quantitatively measured.

We will calculate the mass of carbon in the CO, collected, which equals the mass of
catbon in the original sample. Similarly, we will calculate the mass of hydrogen in the
H,O collected, which equals the mass of hydrogen in the original sample. When added
together, the mass of C and mass of H are less than the total mass of the sample because
part of the sample is composed of oxygen. The law of conservation of mass allows us to
subtract the sum of the C and H masses from the original sample mass to obtain the mass
of oxygen in the sample of the compound.

Empirical Formula from

Figure 3 Elemental analysis using gas chromatography.
Modern CHN analyzer. (© 2010 PerkinElmer, Inc. All rights

Example 4.12
Indirect Analysis

A 0.5438 g sample of a pure liquid consisting of only C, H, and O was burned in 100%
oxygen, and 1.039 g of CO, and 0.6369 g of H,O were obtained. What is the empirical
formula of the compound?

m Analysis: There are several parts to this problem; let’s look at a logical sequence of what
we have to do. First, we need to calculate the mass of the elements, C and H, by determin-
ing the number of grams of C in the CO, and the number of grams of H in the H,O.
Then the mass of oxygen is determined by difference. Next, we use the masses of C, H,
and O to calculate the moles of each. Finally, we use our procedures to convert the moles
of each element into integer subscripts in the empirical formula.

= Assembling the Tools: To convert the masses of CO, and H,O to grams of C and H
we will need our tools for converting between mass and moles. In this problem we start
with the equalities:

1 mol C=12.011gC

1 mol CO, = 44.010 g CO,
1 mol O =15.999 g O

1 mol H,0 = 18.015 g H,0O



126 Chapter 4 | The Mole and Stoichiometry

Next we need the mole ratio equivalencies that we derive from the formulas.

1 mol C < 1 mol CO,
2 mol H < 1 mol H,O

This is similar to the calculations in Example 4.6, where we use the normal conversion
sequence from grams of compound to grams of an element in the compound. We then
need the law of conservation of mass,

Mass of compound = mass of C + mass of H 4+ mass of O

to determine the oxygen content.

After we have the mass of each element, we will convert all the masses to moles. The
final step is to convert the calculated moles of each element into an integer subscript for
our formula.

m Solution: First, we find the number of grams of C in the CO, as

1
039 mot€O, 12011gc_0'2836gc

> " 44009 gCO, 1m

For the number of grams of H in 0.6369 g of H,O we calculate

1}0&1?\ 10079 g
0.6369 gH;0 x T , 1M =0.07127 gH

The total mass of C and H is therefore the sum of these two quantities.

Total mass of Cand H =0.2836 g C + 0.07127 gH =0.3549 ¢

The difference between this total and the 0.5438 g mass of the original sample is the mass
of oxygen (the only other element present).

Mass of O = 0.5438 g — 0.3549 ¢ = 0.1889 g O

Now we can convert the masses of the elements to an empirical formula.

For C: 0.2836 gC x YT C =0.02361 mol C
g

ForH:  0.07127 gH x——2 5 6 07071 mol 1

1.0079 gH

For O: 0.1889 g/dxﬂ:o.ouzalmolo

Our preliminary empirical formula is thus Cg 5361 Ho.070701O0.01181- We divide all of these
subscripts by the smallest number, 0.01181.

C 0.02361H 0.070701 OO.OI 181 — C1.999H5.987OI
0.01181 0.01181  0.01181

The results are acceptably close to integers, to conclude that the empirical formula is C,HO.

u|s the Answer Reasonahle? Our checks on problems need to be quick and efficient.
The fact that the integer subscripts were found easily suggests that the answer is correct
and we can usually stop here. If more confirmation is needed, we can estimate the answers
to the individual steps.



4.3 | Determining Empirical and Molecular Formulas 127

4.20 | A sample containing only sulfur and carbon is completely burned in air. The analy-
sis produced 0.640 g of SO, and 0.220 g of CO,. What is the empirical formula? (Hinz:
Use the tools for relating grams of a compound to grams of an element.)

4.21 | The combustion of a 5.048 g sample of a compound of C, H, and O gave 7.406 g
of CO, and 3.027 g of H,O. Calculate the empirical formula of the compound.

Practice Exercises

Molecular Formulas from Empirical Formulas
and Molecular Masses

The empirical formula is the accepted formula unit for ionic compounds. For molecular
compounds, however, chemists prefer molecular formulas because they give the number of
atoms of each type in a molecule, rather than just the simplest ratio of moles of elements
in a compound as the empirical formula does.

Sometimes an empirical and molecular formula are the same. Two examples are H,O
and NHj. When they are differrent, the subscripts of the molecular formula are integer
multiples of those in the empirical formula. The subscripts of the molecular formula
P40, for example, are each two times those in the empirical formula, P,Os, as you saw
earlier. The molecular mass of P,O, is likewise two times the empirical formula mass of
P,Os. This observation provides us with a way to find out the molecular formula for a
compound provided we have a way of determining experimentally the molecular mass of
the compound. If the experimental molecular mass equals the calculated empirical for-
mula mass, the empirical formula is the same as the molecular formula. Otherwise, the
molecular mass will be a whole-number multiple of the empirical formula mass. Whatever
the integer is, it’s a common multiplier for the subscripts of the empirical formula.

M There are many simple methods for
determining molecular masses. They
are discussed in Chapters 11 and

13. Instruments such as the mass
spectrometers discussed in Chapter 3
can also be used.

Example 4.13

Determining a Molecular Formula from an Empirical Formula
and a Molecular Mass

Styrene, the raw material for polystyrene foam plastics, has an empirical formula of CH.
Its molecular mass is 104. What is its molecular formula?

® Analysis: Since we know the empirical formula and the molar mass of the compound,
styrene, we need to find out how many empirical formula units make up one molecule.
Then the molecular formula will have subscripts that are an integer multiple of the empiri-
cal formula subscripts.

= Assembling the Tools: The relationship between empirical and molecular formulas
tells us that the molecular mass of styrene, 104, divided by the formula mass of the empiri-
cal formula, CH, will result in an integer that represents the number of empirical formula
units in the molecule itself.

Molecular mass of styrene

— = integer
Empirical formula mass of CH

To obtain the molecular formula, all subscripts of the empirical formula are multiplied by
that integer.

m Solution: For the empirical formula, CH, the formula mass is

12.01 + 1.008 = 13.02
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To find how many CH units weighing 13.02 are in a mass of 104, we divide.

104

3.0z /%

Rounding this to 8, we find that eight CH units make up the molecular formula of sty-
rene, and styrene must have subscripts 8 times those in CH. Styrene, therefore, is CgHj.

m|s the Answer Reasonahle? The molecular mass of CgHg is approximately (8 x 12) +
(8 x 1) = 104, which is consistent with the molecular mass we started with.

4.22 | After determining that the empirical formulas of two different compounds were
CH,CI and CHC], a student mixed up the data for the molecular masses. However, the
student knew that one compound had a molecular mass of 100 and the other had a
molecular mass of 289. What are the likely molecular formulas of the two compounds?
(Hint: Recall the relationship between the molecular and empirical formula.)

4.23 | The empirical formula of hydrazine is NH, and its molecular mass is 32.0. What

is its molecular formula?

Zinc metal reacts with
hydrochloric acid. (Richard
Megna/Fundamental Photographs)

4.4 | The Mole and Chemical Reactions

Writing and Balancing Chemical Equations

Here we will see that a balanced chemical equation is a very useful tool for problem solv-

ing. We learned in Chapters 1 and 3 that a chemical equation is a shorthand, quantitative

description of a chemical reaction. An equation is balanced when all atoms present among

the reactants (written to the left of the arrow) are also somewhere among the products

(written to the right of the arrow). Coefficients, numbers placed in front of formulas, are

muldplier numbers for their respective formulas that are used to balance an equation.
Always approach the balancing of an equation as a two-step process.

Step1. Write the unbalanced ‘equation.” Organize the formulas in the pattern of an
equation with plus signs and an arrow (think of the arrow as an equal sign
because we need to end up with the same number of each atom on both sides).
Use correct formulas. (You learned to write many of them in Chapter 3, but
until we have studied more chemistry, you will usually be given formulas.)

Step 2. Adjust the coefficients to get equal numbers of each kind of atom on both sides of
the arrow. When doing Step 2, make no changes in the formulas, either in the
atomic symbols or their subscripts. If you do, the equation will involve differ-
ent substances from those intended. It often helps to start the process with the
most complex formula, leaving elements and simple compounds to the end.

We'll begin with simple equations that can be balanced easily by inspection. An example
is the reaction of zinc metal with hydrochloric acid (see the margin photo). First, we need
the correct formulas, and this time we'll include the physical states because they may not
be obvious. The reactants are zinc, Zn(s), and hydrochloric acid, an aqueous solution of
the gas hydrogen chloride, HCI, symbolized as HCl(ag). We also need formulas for the
products. Zn changes to a water-soluble compound, zinc chloride, ZnCl,(ag), and
hydrogen gas, H,(g), bubbles out as the other product. (Recall that hydrogen is one of the
elements that occurs naturally as a diatomic molecule, not as an atom.)

Step 1. Write an unbalanced equation.
Zn(s) + HCl(ag) —— ZnCl,(aq) + Hy(g) (unbalanced)

Step 2. Adjust the coefficients to get equal numbers of each kind of atom on both
sides of the arrow.
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There is no simple set of rules for adjusting coefficients—as you may have discovered,
experience is the greatest help. Experience has taught chemists that the following guide-
lines often get to the solution most directly when they are applied in the order given.

Some Guidelines for Balancing Equations

1. Start balancing with the most complicated formula first. Elements, particularly H,
and O,, should be left until the end.

2. Balance atoms that appear in only two formulas: one as a reactant and the other as
a product. (Leave elements that appear in three or more formulas until later.)

3. Balance as a group those polyatomic ions that appear unchanged on both sides of
the arrow.

Using the guidelines given here, we'll leave the Zn(s) and H,(g) undil later. The two
remaining formulas have chlorine in common. Because there are two Cl to the right of the
arrow but only one to the left, we puta 2 in front of the HCl on the left side. Remember that
this also sets the coefficient of ZnCl, as 1, which by custom is not written. The result is

Zn(s) + 2HCl(aq) — ZnCl,(aq) + H,(g)

We then balance the hydrogen and zinc and find that no additional coefficient changes
are needed. Everything is now balanced. On each side we find 1 Zn, 2 H, and 2 CI. One
complication is that an infinite number of balanced equations can be written for any given
reaction! We might, for example, have adjusted the coefficients so that our equation came
out as follows.

27Zn(s) + 4HCl(ag) —— 2ZnCl,(ag) + 2H,(g)

This equation is also balanced. For simplicity, chemists prefer the smallest whole-number
coefficients when writing balanced equations.

'?'B:LE

Balancing chemical equations

MW Although the smallest
whole-number coefficients are
preferred, stoichiometric calculations
still work as long as the equation is
balanced.

Example 4.14

Writing a Balanced Equation

Sodium hydroxide and phosphoric acid, H;POy, react as aqueous solutions to give sodium
Y p 34 q &
phosphate and water. The sodium phosphate remains in solution. Write the balanced
equation for this reaction.

m Analysis: First, we need to write an unbalanced equation that includes the reactant
formulas on the left-hand side and the product formulas on the right. Then we need to
use the above procedures for balancing the equation.

= Assembling the Tools: We are given the formula only for phosphoric acid. We need
to use the nomenclature tools in Chapter 3 to determine that the formula of sodium
hydroxide is NaOH; water is H,O, and sodium phosphate has a formula of Na;PO,.
Finally, we use our guidelines for balancing equations.

m Solution: We write the unbalanced equation by placing all the reactants to the left of
the arrow and all products to the right. The designation (g) is added for all substances
dissolved in water (except H,O itself; we'll not give it any designation when it is in its
liquid state).

NaOH(aq) + H;PO4(aq) —— Na;PO4(aq) + H,O (unbalanced)

We will focus on balancing the Na and P atoms first, since H and O atoms appear in
more than two formulas. Focusing on the Na first, there are 3 Na on the right side, so we
put a 3 in front of NaOH on the left, as a trial. Remember that this step also places an
unwritten 1 in front of the Na;PO, formula.

3NaOH(aq) + H3PO4(aq) —— Na;PO4(2g) + H,O (unbalanced)

Now that the Na are in balance we can focus on the I Since all of the phosphorus is
found in the POy units, we will balance the phosphate units as a group of atoms rather

W When a reaction occurs in
aqueous solution, water is not pure
water and the (/) is inappropriate.
Also, the term (aq) is meaningless
since we would be saying “an
aqueous solution of water.” In
solution chemistry, therefore the
state of water is not specified.
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than individually. We see that the POy unit is already balanced and that means that the
H;3POy has a coefficient of 1. Only the coefficient for water has not been assigned. We can
see that the reactant side has 6 H and 3 O atoms (notice that we don’t count the oxygen
atoms in the PO, units since they have already been balanced), which will produce 3 H,O
molecules. Thus the coefficient of water should be three.

3NaOH(aq) + H3PO4(aqg) —— Na;PO,(a9) + 3H,0 (balanced)
We now have a balanced equation.

m|s the Answer Reasonable? On each side we have 3 Na, 1 PO,, 6 H, and 3 O besides
those in POy, and since the coefficients for H;PO,(2g) and Na;PO,(2g) are 1 our coef-
ficients cannot be reduced to smaller whole numbers.

4.24 | Write the balanced chemical equation that describes what happens when a solution
containing calcium chloride is mixed with a solution containing potassium phosphate and
the product of the reaction is solid calcium phosphate and a solution of potassium chlo-
ride. (Hint: Write the correct formulas based on information in Chapter 3.)

4.25 | When aqueous solutions of calcium nitrate, Ca(NOj3),, and ammonium phos-
phate, (NH);POy, are mixed, a reaction occurs in which solid calcium phosphate,
Ca;(POy),, separates from the solution. The other product is NHNO;(ag). Write the

balanced equation.

W The chemical equation gives

the relative amounts of each of

the molecules that participate in a
reaction. It does not mean that

2 octane molecules actually collide
with 25 O, molecules. The actual
reaction occurs in many steps that the
chemical equation does not

show.

%E;:Ls

Equivalencies from balanced
chemical equations

The strategy of balancing whole units of polyatomic ions, like POy, as a group is
extremely useful. Using this method, we have less atom counting to do and balancing
equations is often easier.

Calculations that Use Balanced Chemical Equations

So far we have focused on mole ratios between elements within a single compound. We
have seen that the essential conversion factor between substances within a compound is
the mole ratio obtained from the compound’s formula. In this section, we'll see that the
same techniques can be used to relate substances involved in a chemical reaction. The tool
that relates substances involved in a reaction is the mole ratio obtained from the coeffi-
cients of the balanced chemical equation.

Establishing Mole-to-Mole Ratios

To see how chemical equations can be used to obtain mole-to-mole relationships, consider
the equation that describes the burning of octane (CgH ) in oxygen (O,) to give carbon
dioxide and water vapor:

This equation can be interpreted on the molecular scale as follows:

When two molecules of liquid octane react with twenty-five molecules of oxygen gas, sixteen mol-
ecules of carbon dioxide gas and eighteen molecules of water vapor are produced.

This statement immediately suggests many equivalence relationships that can be used to
build conversion factors for stoichiometry problems:
2 molecules CgH 5 < 25 molecules O,
2 molecules CgH, 3 < 16 molecules CO,
2 molecules CgH,3 < 18 molecules H,O
25 molecules O, < 16 molecules CO,
25 molecules O, < 18 molecules H,O
16 molecules CO, < 18 molecules H,O
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Any of these microscopic relationships can be scaled up to the macroscopic laboratory scale
by multiplying both sides of the equivalency by Avogadro’s number, which effectively
allows us to replace “molecules” with “moles” or “mol”:

2 mol CgH 5 < 25 mol O,
2 mol CgH 5 < 16 mol CO,
2 mol CgH,5 < 18 mol H,O
25 mol O, < 16 mol CO,
25 mol O, < 18 mol H,0O
16 mol CO, < 18 mol H,O
We can interpret the equation on a macroscopic (mole) scale as follows:

Two moles of liquid octane reacr with rwenty-five moles of oxygen gas to produce sixteen moles of
carbon dioxide gas and eighteen moles of water vapor.

To use these equivalencies in a stoichiometry problem, the equation must be balanced.
That means that every atom found in the reactants must also be found somewhere in the
products. You must always check to see whether this is true for a given equation before you
can use the coefficients to build equivalencies and conversion factors.

First, let’s see how mole-to-mole relationships obtained from a chemical equation can
be used to convert moles of one substance to moles of another when both substances are
involved in a chemical reaction.

Example 4.15
Stoichiometry of Chemical Reactions

How many moles of sodium phosphate can be made from 0.240 mol of sodium hydroxide
by the following unbalanced equation?

NaOH(ag) + H3PO4(ag) —— Na;POy4(aq) + H,O

m Analysis: We are given an unbalanced equation and will have to balance it first before
we can find an appropriate mole ratio. Then the question asks us to relate amounts, in
moles, of two different substances. As in Example 4.5, all we need for this conversion is
a mole ratio.

= Assembling the Tools: We first balance the equation as we did previously,
3NaOH(aq) + H;PO4(ag) —— Na;PO4(aq) + 3H,0
Now an equivalence derived from the coefficients of the balanced equation is written as
3 mol NaOH < 1 mol Na;PO,
This enables us to prepare the mole ratio conversion factor that we need.
m Solution: We start by writing the question in equation form as
0.240 mol NaOH <« ? mol Na;PO,

1 mol Na;PO,

, we convert 0.240 mol NaOH to the number of
3 mol NaOH

Using the mole ratio

moles of Na;POy:

1 mol Na,P
0.240 molNaOH x LBANGPOL ) 4500 mol Na,PO,

3 molNaOH
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The result states that we can make 0.0800 mol Na;POy from 0.240 mol NaOH. Recall
that the coefficients, 1 and 3, in the conversion factor are exact numbers, so our answer
has three significant figures.

m |s the Answer Reasonable? The balanced equation tells us that 3 mol NaOH < 1 mol
Na;POy, so the actual number of moles of Na;PO, (0.0800 mol) should be one-third the
actual number of moles of NaOH (0.240 mol), and it is. We can also check that the units
cancel correctly.

4.26 | In the reaction 250,(g) + O,(g) —— 2505(g), how many moles of O, are needed
to produce 6.76 moles of SO3? (Hint: Write the equality that relates O, to SO3.)

4.27 | How many moles of sulfuric acid, H,SOy, are needed to react with 0.366 mol of
NaOH by the following balanced chemical equation?

2NaOH(ag) + H,80,(ag) —— Na,8O,(ag) + 2H,0

*\Lss:u_s

Mass-to-mass calculations using
balanced chemical equations

Figure 4.4 | The sequence of
calculations for solving stoichi-
ometry problems. This sequence
applies to all calculations that start
with the mass of one substance

A and require the mass of a second
substance B as the answer. Each box
represents a measured or calculated
quantity. Each arrow represents one
of our chemical tools.

Mass-to-Mass Calculations
The most common stoichiometric calculation the chemist does is to relate grams of one
substance with grams of another in a chemical reaction. For example, consider glucose,
CeH,,04, one of the body’s primary energy sources. The body combines glucose and oxy-
gen, in a process called metabolism, to give carbon dioxide and water. The balanced equa-
tion for the overall reaction is

CsH1,04(ag) 4 6 Oy(ag) —— 6 CO,(ag) + 6 H,O(/)

How many grams of oxygen must the body take in to completely process 1.00 g of glu-
cose? The problem can be expressed as

1.00 g C6H1206 S g Oz

The first thing we should notice about this problem is that we're relating fwo different sub-
stances in a reaction. The equality that relates the substances is the mole-to-mole relation-
ship between glucose and O, given by the chemical equation. In this case, the equation
tells us that 1 mol C4H,06 < 6 mol O,. It is very important to realize that there is no
direct conversion between the mass of C;H;,0; and the mass of O,. We need to convert
the mass of glucose to moles of glucose, then we use the mole ratio to convert moles of
glucose to moles of oxygen, and finally we convert moles of oxygen to mass of oxygen.
This sequence, indicating where we use the mole-to-mole equivalence, is shown below

1 mol C4H{,04 < 6 mol O,
1.00 g C6H1206—> mol C:GI_112C)6L> mol Oz — 8 02

The molar mass is used twice as a tool, once for converting 1.00 g of glucose to moles and
again for converting moles of O, to grams of O,.

Figure 4.4 outlines this flow for any stoichiometry problem that relates reactant or
product masses. If we know the balanced equation for a reaction and the mass of any

Formula or
MoIa;\Mass Moles of A | |Balanced Chemical Moles of B MOIaEM%S
Equation
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reactant or product, we can calculate the required or expected mass of any other substance
in the equation. Example 4.16 shows how it works.

Example 4.16
Stoichiometric Mass Calculations

Portland cement is a mixture of the oxides of calcium, aluminum, and silicon. The raw
material for its calcium oxide is calcium carbonate, which occurs as the chief component
of a natural rock, limestone. When calcium carbonate is strongly heated it decomposes.
One product, carbon dioxide, is driven off to leave the desired calcium oxide as the only
other product.

A chemistry student is to prepare 1.50 x 10? g of calcium oxide in order to test a par-
ticular “recipe” for Portland cement. How many grams of calcium carbonate should be
used, assuming 100% conversion to product?

® Analysis: As usual, this is a multi-part problem. First, we need to determine the formu-
las of the compounds and then write a balanced chemical reaction. Then we will perform
the conversions from the given 1.50 x 10 grams of calcium oxide to moles of calcium
oxide, then to moles of calcium carbonate, and then to grams of calcium carbonate.

m Assembling the Tools: We need the nomenclature tools in Chapter 3 to translate the
names of the compounds to formulas and then write the balanced chemical equation,

which is W Special reaction conditions are
N often shown with words or symbols
CaCO3 (S);“> CaO(S) + COZ (g) above the arrow. In this reaction,

temperatures above 2000 °C are
needed and this is indicated with

Now we can write our sequence of conversions using formulas,
the word, heat, above the arrow.

1.50 x 10? g CaO —— mol CaO —— mol CaCO; —— g CaCO;

We need tools for converting the mass to moles for CaO in the first step and the mass to
moles for CaCOj in the last step. They are

56.08 g CaO = 1 mol CaO and 1 mol CaCOj; = 100.09 g CaCOs;

Finally, we need a tool for the mole-to-mole conversion. Using our balanced chemical
equation, the equivalence is

1 mol CaO < 1 mol CaCO;

m Solution: We start by writing the question as an equation.
1.50 x 10% g CaO < ? g CaCO;

Reviewing our sequence of calculation we can write the sequence of steps indicating where
we use each of our tools.

1 mol CaO < 1 mol CaCO;
1.50 x 10* g CaO/—> mol CaO|—> mol CaCO3T> g CaCO;
56.08 g CaO = 1 mol CaO 1 mol CaCO; = 100.09 g CaCO;

Starting from the left, we assemble conversion factors so the units cancel correctly:

1 m
150 x 10° gCGi0 x | 2 [0 ) (10009 5CaC0 ) _ g CaCO;,
56.08 gC1O 1 mo 1 mol€aCO,
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M This 5 to 1/5 range for
conversions of the mass of A to

a mass of B holds true for most
(maybe 90-95%) calculations. If
your answer is outside this range,
do a very careful check for errors.

Example 4.17

Notice how the calculation flows from grams of CaO to moles of CaO, then to moles of
CaCO; (using the equation), and finally to grams of CaCOj. We cannot emphasize too much
that the key step in all calculations of reaction stoichiometry is the use of the balanced equation.

m|s the Answer Reasonable? In a mass-to-mass calculation like this, the first check is
the magnitude of the answer compared to the starting mass. In the majority of reactions
the calculated mass is not less than 1 of the starting mass nor is it larger than five times
the starting mass. Our result is reasonable based on this criteria. We can make a more

detailed check by first checking that the units cancel properly. We can also round to one
150 x 100 _ 300

or two significant figures and estimate the answer. We would estimate 50

and this value is close to our answer of 268, giving us confidence that the answer is reasonable.

Stoichiometric Mass Calculations

- ' P

Figure 4.5 | The thermite
reaction. Pictured here is a
device for making white-hot iron
by the reaction of aluminum
with iron oxide and letting the
molten iron run down into a
mold between ends of two steel
railroad rails. This welds the rails
together. (Wikimedia Commons)

The thermite reaction is one of the most spectacular reactions with
flames, sparks and glowing molten iron. Here aluminum reacts with
iron(I1I) oxide to produce aluminum oxide and metallic iron. So much
heat is generated that the iron forms in the liquid state (Figure 4.5).

A certain welding operation requires at least 86.0 g of iron each
time a weld is made. What is the minimum mass, in grams, of
iron(III) oxide that must be used for each weld? Also calculate how
many grams of aluminum are needed.

m Analysis: First, we need to determine the formulas of the com-
pounds so we can write a balanced chemical equation. Next, we
need to convert the 86.0 g Fe to the needed mass of iron(III) oxide.
Remember that all problems in reaction stoichiometry must be
solved at the mole level because an equation’s coefficients disclose
mole ratios, not mass ratios. The sequence of conversions to use is

86.0 g iron —— mol iron —— mol iron(III) oxide —— g iron(III) oxide

For the second calculation we calculate the number of grams of Al needed, but we know
that we must first find the number of moles of Al required. For this second calculation the
sequence is

86.0 g iron —— mol iron —— mol aluminum —— g aluminum

m Assembling the Tools: We use our nomenclature tools from Chapter 3 to determine that Al
and Fe,O; are the reactants and that Fe and Al,Oj are the products. The balanced equation is:

2Al(s) + Fe,O5(s) —— AL O;(s) + 2Fe(/)
The following conversion equalities are needed to calculate the mass of Fe,0;
55.85 g Fe = 1 mol Fe
1 mol Fe,O; < 2 mol Fe
159.70 g Fe,0O; = 1 mol Fe,0;
Next, we need the following conversion equalities to calculate the mass of aluminum:
55.85 g Fe = 1 mol Fe

2 mol Al < 2 mol Fe
26.98 g Al = 1 mol Al



m Solution: Now we state the first part of the problem in mathematical form:
86.0 g Fe & ? g Fe,0;

We'll set up the first calculation as a chain. The steps are summarized below each conver-

sion factor.
1 m 1 F
PO, 15970 gFe,Oy _ . L Fe,0.

86'05/%X55.855/F€ 2motfe  1molBesO,

grams Fe —— molesFe —— moles Fe,0; ——  grams Fe,O;

A minimum of 123 g of Fe,O; is required to make 86.0 g of Fe.
To calculate the mass of aluminum, we follow a similar sequence, using the conversion
factors in order so that the units cancel as shown. We employ another chain calculation to

find the mass of Al needed to make 86.0 g of Fe.
| 2ol 2698 gAl _ 415 gAl

860 ge 5585;/12/ 2motFe | 1motAl

grams Fe —— molesFe —— moles Al —— grams Al

m Are the Answers Reasonable? The estimate that our answers in a mass-to-mass cal-
culation should be within 1/5 to 5 times the initial mass is true for both Al and Fe,O;.
Rounding the numbers to one significant figure and estimating the answer (after recheck-
ing that the units cancel properly) results in

90 x 200

- 90 x 30 _

60

Both estimates are close to our calculated values and give confidence that our answers are
reasonable.

4.28 | Using the information in Example 4.17, calculate the mass of Al,O; formed under
the conditions specified. (Hint: Recall the law of conservation of mass.)

4.29 | How many grams of carbon dioxide are also produced by the reaction described in
Example 4.162
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B We could simplify the mole ratio
to 1 mol Al & 1 mol Fe. Leaving
the 2-to-2 ratio maintains the
connection to the coefficients in
the balanced equation.
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4.5 | Limiting Reactants

Limiting Reactants Viewed at the Molecular Level

We've seen that balanced chemical equations can tell us how to mix reactants together in
just the right proportions to get a certain amount of product. For example, ethanol,
C,HsOH, is prepared industrially as follows:

C2H4 "‘ Hzo E— C2H5OH

ethylene ethanol

We often interpret the equation on a laboratory scale using moles. Every mole of
ethylene that reacts requires one mole of water to produce one mole of ethanol.
Let’s look at this reaction at the molecular level. Now the equation tells us that one
molecule of ethylene will react with one molecule of water to give one molecule of
ethanol.
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3 L = 82

Ethylene Water Ethanol

Before Reaction After Reaction

If we have three molecules of ethylene reacting with three molecules of water, then three
ethanol molecules are produced:

Kiﬂéwmf

g

os I og

Before Reaction After Reaction

What happens if we mix three molecules of ethylene with five molecules of water? The
ethylene will be completely used up before all the water is, and the product will contain
two unreacted water molecules:

H) * 3: EE )
M Notice that in both the “before” (il g
and “after” views of the reaction, the ’
numbers of carbon, hydrogen, and f
? ( g ) Il

I

oxygen atoms are the same. I \
1 9= §>

Before Reaction After Reaction

We don’t have enough ethylene to use up all the water. The excess water remains after
the reaction stops. This situation can be a problem in the manufacture of chemicals
because not only do we waste one of our reactants (water, in this case), but we also obtain
a product that is contaminated with unused reactant.

In this reaction mixture, ethylene is called the limiting reactant because it limits the
amount of product (ethanol) that forms. The water is called an excess reactant, because we
have more of it than is needed to completely consume all the ethylene.

To predict the amount of product we'll actually obtain in a reaction, we need to know
which of the reactants is the limiting reactant. In the example above, we saw that we
needed only 3 H,O molecules to react with 3 C,Hy molecules, but we had 5 H,O mole-
cules, so H,O is present in excess and C,Hy is the limiting reactant. We could also have
reasoned that 5 molecules of H,0O would require 5 molecules of C,Hy, and since we have
only 3 molecules of C,Hy, it must be the limiting reactant.

A Strategy for Solving Limiting Reactant Problems

At the start of this chapter we referred to the billions of hamburger buns produced each
year to reflect the large number of atoms and molecules we work with. Construction of
hamburgers can also be a limiting reactant problem. For instance, how many quarter-
pound hamburgers can be made from a package of eight hamburger rolls, a pound of



hamburger meat, a bottle of ketchup, and a bottle of pickles? We can quickly see that one
pound of hamburger meat will make four quarter-pound hamburgers. We obviously have
an excess of buns, catsup, and pickles. The hamburger meat is our limiting reactant, and
four hamburgers is the most we can prepare.

As we saw above, there are several steps involved in solving limiting reactant prob-
lems. First, we identify a limiting reactant problem by the fact that the amount of more
than one reactant is given. Next, we need to identify the limiting reactant, and finally
we solve the problem based on the amount of limiting reactant at hand. The first step is
easy. Next, when finding the limiting reactant, we arbitrarily pick one of the reactants
and calculate how much of the second reactant is needed. If the amount calculated for
the second reactant is less than what is given, there is an excess of the second reactant
and therefore the first reactant is limiting. If the calculated amount of the second reac-
tant is more than what was given, then it will be consumed first and the second reactant
is limiting.

Once we have identified the limiting reactant, it is possible to compute the amount of
product that will actually form and the amount of excess reactant that will be left over after
the reaction stops. For the final calculations we must use the amount of the limiting reac-
tant given in the statement of the problem.

Example 4.18 shows how to solve a typical limiting reactant problem when the amounts
of the reactants are given in mass units.
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Limiting reactant calculations

Example 4.18

Limiting Reactant Calculation

Gold(III) hydroxide is used for electroplating gold onto other metals. It can be made by

the following reaction.
2KAuCly(ag) + 3Na,COjs(aq) + 3H,0 —
2Au(OH);(ag9) + 6NaCl(ag) + 2KCl(aq) + 3CO,(g)

To prepare a fresh supply of Au(OH);, a chemist at an electroplating plant has mixed
20.00 g of KAuCly with 25.00 g of Na,COj; (both dissolved in a large excess of water).
What is the maximum number of grams of Au(OH); that can form?

® Analysis: The clue that tells us this is a limiting reactant question is that the quan-
tities of two reactants are given. Now we will break this question into two separate
steps, identifying the limiting reactant and then calculating the grams of Au(OH);
produced.

Step I: To identify the limiting reactant, we arbitrarily pick one of the reactants (KAuCly
or Na,COj3; we were told that water is in excess, so we know that it does not limit the re-
action) and calculate how much of the second reactant is needed. Based on the result we
will be able to decide which reactant is limiting. We will need to use a combination of our
stoichiometry tools to solve this problem.

Step I1: Once we've identified the limiting reactant we can use it to calculate the amount of
Au(OH); produced using the following sequence of conversions. Notice that this sequence
is essentially the same as the one we used in Figure 4.4.

g limiting reactant—— mol limiting reactant—— mol Au(OH); —— g Au(OH);

m Assembling the Tools—Step I: Our tool for limiting reactant calculations out-
lines the process for identifying the limiting reactant. First, we calculate the amount of
reactant 1 that will react with reactant 2. To do this we use the following sequence of
calculations:

mass of reactant 1 —— mol reactant 1 —— mol reactant 2 —— mass reactant 2
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B After identifying the limiting
reactant, return to the statement
of the problem and use the
amount of the limiting reactant
given in the problem to perform
further calculations.

This is our typical mass-to-mass calculation that requires the following relationships

1 mol KAuCly = 377.88 g KAuCly
2 mol KAuCl; < 3 mol Na,CO;
1 mOl N32CO3 = 105-99 g N32CO3
m Solution—Step I: We will show, in the two calculations that follow, the process used to

identify the limiting reactant. In solving a limiting reactant problem you will need to do
only one of these calculations.

We start with KAuCl, as the reactant to work with and calculate how many grams of
Na,CO3 should be provided to react with 20.00 g of KAuCl,. We'll set up a chain calcu-
lation as follows.

grams KAuCl, ——moles KAuCl, —— moles Na,CO; —— grams Na,CO;

I 1m\07‘|$‘\u\L 3m/<)INa{/3 105.99 g Na,CO,
e W zm 1 W

=8.4158 NaZCO3

20.00g

We find that 20.00 g of KAuCl, needs of Na,CO3. The given amount of 25.00 g of
Na,COs3 is more than enough to let the KAuCl, react completely. We conclude that
KAuCl, is the limiting reactant and that Na,COj; is present in excess.

We start with Na,CO5 as the reactant to work with and calculate how many grams of
KAuUCI, should be provided to react with 25.00 g of Na,CO3. Again we perform a chain
calculation using the appropriate conversion factors

grams Na,CO; —— moles Na,CO; —— moles KAuCl, —— grams KAuCl,

1R|\Nﬁ\L |4 377.88 g KAuCl,
25.oog/Na;€63
105. 99g/l\la/€6 3m

1mo I4

f%

= 59.42 g KAuCl,

We find that 25.00 g Na,CO5 would require almost three times the mass of KAuCl,
provided, so we again conclude that KAuCl, is the limiting reactant.

The result from either calculation above is sufficient to designate KAuCly as the limit-
ing reactant. Now we proceed to Step II.

= Assembling the Tools—Step Il: Since KAuCly is the limiting reactant, we can calculate
the mass of Au(OH); using the sequence of steps

mass of KAuCl; —— moles of KAuCl, —— moles of Au(OH); —— mass of Au(OH);
Now we write the equalities we need to finish the problem:
1 mol KAuCl; = 377.88 g KAuCl,
2 mol KAuCl, < 2 mol Au(OH);
1 mol Au(OH); = 247.99 g Au(OH);
m Solution—Step II: From here on, we have a routine calculation converting the mass of

the limiting reactant, KAuCly, to the mass of product, Au(OH);. We set up the following

chain calculation.
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grams KAuCl;, —— moles KAuCl; ——  moles Au(OH); ——  grams Au(OH);

20.00 g KAaCl; x I molKAuCl, | {2 mol AutOH), [ 247.99 g AucORD),
: ' 71377.88 gKAuCT, | | 2 molKAuCl, 1 mol Aw(OFD),

Thus from 20.00 g of KAuCl, we can make a maximum of 13.13 g of Au(OH)s.

In this synthesis, some of the initial 25.00 g of Na,CO; is left over. Since one of our
calculations showed that 20.00 g of KAuCly requires only 8.415 g of Na,COj; out of 25.00
g Na,CO;, the difference, (25.00 g — 8.415 g) = 16.58 g of Na,COj3, remains unreacted.
It is possible that the chemist used an excess to ensure that every last bit of the very expen-
sive KAuCl, would be changed to Au(OH)s;.

Notice that by breaking this problem into two parts, we were able to solve two mass-
to-mass calculations to get the answer we needed.

X

=13.13 g Au(OH);,

m Are the Answers Reasonable? First, the resulting masses are within the range of% to

5 times the starting mass and are not unreasonable. Again, we check that our units cancel

properly and then we estimate the answer as 202700200 = 10 g Au(OH)3, which is close

enough to our answer to give confidence that the calculation was done correctly.

4.30 | The reaction between the limestone and hydrochloric acid produces carbon diox- Practice Exercises
ide as shown in the reaction.

CaCO;(s) + 2HCI (ag) —— CO,(g) + CaCl,(ag) + H,O
How many grams of CO, can be made by reacting 125 g of CaCOj3 with 125 g of HCI?
How many grams of which reactant are left over? (Hinz Find the limiting reactant.)

4.31 | In an industrial process for making nitric acid, the first step is the reaction of
ammonia with oxygen at high temperature in the presence of a platinum gauze. Nitrogen
monoxide forms as follows.

4NH, + 50,—— 4NO + GH,O

How many grams of nitrogen monoxide can form if a mixture initially contains 30.00 g
of NH; and 40.00 g of O5?

4.6 | Theoretical Yield and
Percentage Yield

In most experiments designed for chemical synthesis, the amount of a product actually
isolated falls short of the calculated maximum amount. Losses occur for several reasons.
Some are mechanical, such as materials sticking to glassware. In some reactions, losses
occur by the evaporation of a volatile product. In others, a product is a solid that separates
from the solution as it forms because it is largely insoluble. The solid is removed by filtra-
tion. What stays in solution, although relatively small, contributes to some loss of product.
One of the common causes of obtaining less than the stoichiometric amount of a product
is the occurrence of a competing reaction. It produces a by product, a substance made by a reac-
tion that competes with the main reaction. The synthesis of phosphorus trichloride, for exam-
ple, gives some phosphorus pentachloride as well, because PCl; can react further with Cl,.

Main reaction: 2P(s) + 3Cly(g9— 2PCl3(/)
Competing reaction: PCl3(/) + Cly(g) —— PCls(s)

The competition is between newly formed PCl; and still unreacted phosphorus for still
unchanged chlorine.
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B When determining the percentage
yield, you must be given the actual
yield of the experiment; it cannot be

calculated.
'?'B: LS

Theoretical, actual, and
percentage yields

Example 4.19

The actual yield of desired product is simply how much is isolated, stated in either mass
units or moles. The theoretical yield of the product is what must be obtained if no losses
occur. When less than the theoretical yield of product is obtained, chemists generally cal-
culate the percentage yield of product to describe how well the preparation went. The per-
centage yield is the actual yield calculated as a percentage of the theoretical yield.

actual yield

- 0
theoretical yield X 100% (4.2)

Percentage yield =

Both the actual and theoretical yields must be in the same units.

It is important to realize that the actual yield is an experimentally determined quantity.
It cannot be calculated. The theoretical yield is always a calculated quantity based on a
chemical equation and the amounts of the reactants available.

Let’s now work an example that combines the determination of the limiting reactant
with a calculation of percentage yield.

Calculating a Percentage Yield

A chemist set up a synthesis of phosphorus trichloride by mixing 12.0 g of phosphorus
with 35.0 g chlorine gas and obtained 42.4 g of solid phosphorus trichloride. Calculate
the percentage yield of this compound.

® Analysis: We start by determining the formulas for the reactants and products and
then balancing the chemical equation. Phosphorus is represented as P(s) and chlorine gas
is Cly(g) and the product is PCls(s). The balanced equation is

2P(s) + 3Cl,(g) —— 2PCl5(s)

Now we notice that the masses of both reactants are given, so this must be a limiting reac-
tant problem. The first step is to figure out which reactant, P or Cl,, is the limiting reac-
tant, because we must base all calculations on the limiting reactant. When we know the
limiting reactant, we can calculate the theoretical yield of product, PCls(s). Finally we
calculate the percentage yield. The three main steps are summarized as,

Determine the Determine the Calculate the
limiting reactant theoretical yield percentage yield

= Assembling the Tools: To solve the first two steps, our basic tools are the relationships
1 mol P =3097¢gP
1 mol Cl, = 70.90 g Cl,
3 mol Cl, & 2 mol P
For the percentage yield our tool is Equation 4.2.

m Solution: In any limiting reactant problem, we can arbitrarily pick one reactant and do
a calculation to see whether it can be entirely used up. We'll choose phosphorus and see
whether there is enough to react with 35.0 g of chlorine. The following calculation gives

us the answer.
3
wokCly 70,90 g Cl, _ 41240,

120 g7 x 3o.r9n7g/I‘ 2 molD 1 mobel,

Thus, with 35.0 g of Cl, provided but 41.2 g of Cl, needed, there is not enough Cl, to
react with all 12.0 g of P. The Cl, will be all used up before the P is used up, so Cl, is the
limiting reactant. We therefore base the calculation of the theoretical yield of PCl; on Cl,.
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(We must be careful to use the 35.0 g of Cl, given in the problem, 7oz the 41.2 g calculated
while we determined the limiting reactant.)

To find the theoretical yield of PCls, we calculate how many grams of PCl; could be
made from 35.0 g of Cl, if everything went perfectly according to the equation given.

I motCl, 2 molPC,  13732gPCL
35.0 g Cl, x 7090 get, X— ol X T 45.2 g PCl,

grams Cl, ——  molesCl, —— molesPCl; ——  grams PCl;

The actual yield was 42.4 g of PCl;, not 45.2 g, so the percentage yield is calculated as

follows.

42.4 ¢ PCl,4

ittt - Sl 0 — 0
452 g PCI, x 100% = 93.8%

Percentage yield =

Thus 93.8% of the theoretical yield of PCl; was obtained.

m|s the Answer Reasonable? The obvious check is that the calculated or theoretical
yield can never be Jess than the actual yield. Second, our theoretical yield is within the
range of 1/5 to 5 times the starting amount. Finally, one way to estimate the theoretical
yield, after checking that all units cancel propetly, is

40 x 2 x 100 _ 80 x 100 _ 80

70x3 210~ ~40sPch

which is close to the 45.2 g PCl; we calculated.

4.32 | In the synthesis of aspirin we react salicylic acid with acetic anhydride. The bal-
anced chemical equation is:

2HOOCCH,OH + CH,0;— 2HOOCCH,O,C,H; + H,0
salicylic acid acetic anhydride acetyl salicylic acid water
If we mix together 28.2 grams of salicylic acid with 15.6 grams of acetic anhydride in this
reaction, we obtain 30.7 grams of aspirin. What are the theoretical and percentage yields
of our experiment? (Hins: What is the limiting reactant?)

4.33 | Ethanol, C,H5OH, can be converted to acetic acid (the acid in vinegar), HC,H;0,,

by the action of sodium dichromate in aqueous sulfuric acid according to the following
equation.

3C,HsOH(ag) + 2Na,Cr,0,(aq) + 8H,50,(aq) —
3HC2H3OZ(ﬂq) + 2Cr2(SO4)3(ﬂq) + 2Nast4(ﬂq) + lleo
In one experiment, 24.0 g of C,H;OH, 90.0 g of Na,Cr, 0O, and an excess of sulfuric acid

were mixed, and 26.6 g of acetic acid (HC,H;0,) was isolated. Calculate the theoretical
and percentage yields of HC,H;0,.

Practice Exercises

Multi-Step Reactions

Many chemical synthesis reactions involve more than one step to produce a product.
Sometimes there can be more than ten separate reactions from the initial reactants to the final
products. In such reactions, the product of one reaction is the reactant for the next. As a result,
the overall percentage yield is the product of the percentage yields for all the steps along the
way. The following equation is used to calculate percent yields for multi-step syntheses.

% yleldl x % ylele
100 100

Overall % yield = ( X ---)100%

%S:Ls

Multi-step percentage yield
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Practice Exercise

4.34 | In producing a certain drug, one synthetic route involves three steps with percent-

age yields of 87.2%, 91.1%, and 86.3%. An alternate synthesis uses two steps with per-
centage yields of 85.5% and 84.3%. Based on the overall percent yield, which is the

preferred synthesis?

|Summary

Mole Concept, Avogadro’s Number, and the Laboratory
Scale. In the SI definition, one mole of any substance is an
amount with the same number, 6.022 x 10%, of atoms, mol-
ecules, or formula units as there are atoms in 12 g (exactly) of
carbon-12. Avogadro’s number is the title given to the number
6.022 x 10%. Chemical equations show how atoms and mol-
ecules react (the molecular scale), whereas the mole concept uses
the same equations in terms of moles of atoms and moles of
molecules. Moles of substances have masses that are convenient
for laboratory scale experiments.

Atomic, Molecular, and Formula Mass. Atomic masses
listed on the periodic table are relative to an atomic mass of 12
(exactly) for C-12. The atomic mass of one mole of a monatomic
element is often called the gram atomic mass. The mass of a mole
of molecules is equal to the sum of the atomic masses of all the
atoms in the formula and is called the gram molecular mass.
Similarly, the mass of a mole of an ionic substance is equal to
the masses of all the atoms in the ionic formula and is called the
gram formula mass.

Molar Mass. This is a general term that may be used in place
of the gram atomic mass, gram molecular mass, or gram formula
mass. The molar mass is a tool for grams-to-moles or moles-to-
grams conversions.

Empirical Formulas. An empirical formula gives the small-
est whole-number ratio of the atoms in a substance. Empirical
formulas may be calculated if we know the mass or percentage of
each element in the compound.

Chemical Formulas. The actual composition of a mol-
ecule is given by its molecular formula. An empirical formula
is generally the only formula we write for ionic com-
pounds. In the case of a molecular compound, the molecu-
lar mass is a small whole-number multiple of the empirical
formula mass.

Formula Stoichiometry. A chemical formula is a tool for stoi-
chiometric calculations, because its subscripts tell us the mole
ratios in which the various elements are combined.

Balanced Equations and Reaction Stoichiometry. A
balanced equation is a tool for reaction stoichiometry because
its coefficients disclose the stoichiometric equivalencies. When

balancing an equation, only the coefficients can be adjusted,
never the subscripts. All problems of reaction stoichiometry
must be solved by first converting to moles.

Yields of Products. A reactant taken in a quantity less than
required by another reactant, as determined by the reaction’s
stoichiometry, is called the limiting reactant. The theoretical
yield of a product can be no more than permitted by the lim-
iting reactant. Sometimes competing reactions (side reactions)
producing by-products reduce the actual yield. The ratio of the
actual to the theoretical yields, expressed as a percentage, is the
percentage yield.

Stoichiometric Calculations. These are generally problems
in which units are converted in a logical sequence of steps (see
Figure 4.6). Conversion factors used in these calculations are
found in the molar mass, Avogadro’s number, the chemical for-
mula, or the balanced chemical reaction.

Molar Molar
Mass A Mass B

Formula or
Moles of A Balanced Chemical Moles of B
Equation
Avagadro’s Avagadro’s
Number Number
Elementary Elementary
Units of A Units of B
(atoms, molecules, (atoms, molecules,
ions) ions)

Figure 4.6 | Stoichiometry pathways. This diagram
summarizes all of the possible stoichiometric calculations
encountered in this chapter. The boxes represent the units that we
start with and want to end at. Arrows between the boxes indicate

the tools that provide the needed conversion factors.
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T OoOLS
Tools for Problem SOIVing The following tools were introduced in this chapter. Study them carefully

so you can select the appropriate tool when needed.

Atomic mass (page 108)
Used to form a conversion factor to calculate mass from moles of an element or moles from the mass of an element.

Gram atomic mass of X = molar mass of X = 1 mole X

Formula mass; molecular mass (page 108)
Used to form a conversion factor to calculate mass from moles of a compound or moles from the mass of a compound.
Gram molecular mass of X = molar mass of X = 1 mole X

Gram formula mass of X = molar mass of X = 1 mole X

Molar Mass (page 108)
This is a general term encompassing atomic, molecular, and formula masses. All are the sum of the masses of the elements in a
chemical formula.

Molar mass of X =1 mole of X

Avogadro’s number (page 110)
It relates macroscopic lab-sized quantities (e.g., moles) to numbers of individual atomic-sized particles such as atoms, molecules, or
ions.

1 mole X = 6.02 x 10% particles of X

Mole ratios (page 111)

Subscripts in a formula establish atom ratios and mole ratios between the elements in the substance.

Mass-to-mass conversions using formulas (page 114)
These steps are required for a mass-to-mass conversion problem using a chemical formula; also see Figure 4.6.

Percentage composition (page 116)
This describes the composition of a compound and can be the basis for computing the empirical formula. Comparing
experimental and theoretical percentage compositions can help establish the identity of a compound.

mass of X in the sample

Percent of X = x 100%

mass of the entire sample

Empirical formula (page 119)
The empirical formula expresses the simplest ratio of the atoms of each element in a compound.

Determination of integer subscripts (page 121)
When determining an empirical formula, dividing all molar amounts by the smallest value often normalizes subscripts to integers.
If decimals remain, multiplication by a small whole number can result in integer subscripts.

Empirical formulas from percentage composition (page 122)
Analysis of a substance often requires more than one procedure. Percentage composition (see above) helps correlate information
from these different experiments, particularly when each method used may require a different mass of sample.

Balancing chemical equations (page 129)
Balancing equations involves writing the unbalanced equation and then adjusting the coefficients to get equal numbers of each
kind of atom on both sides of the arrow.
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Equivalencies obtained from balanced equations (page 130)
The coefficients in balanced chemical equations give us relationships between all reactants and products that can be used in

factor-label calculations.

Mass-to-mass calculations using balanced equations (page 132)
A logical sequence of conversions allows calculation of all components of a chemical reaction. See Figure 4.6.

Limiting reactant calculations (page 137)

When the amount of at least two reactants is known, stoichiometry questions are answered by identifying the limiting reactant and
then using the given amount of the limiting reactant to perform the required conversions.

Theoretical, actual, and percentage yields (page 140)

The theoretical yield is calculated from the limiting reactant whether stated, implied, or calculated. The actual yield must be
determined by experiment, and the percentage yield relates the magnitude of the actual yield to the percentage yield.

actual mass by experiment

x 100%

Percentage yield =

Multi-step percentage yield (page 141)

theoretical mass by calculation

Modern chemical synthesis often involves more than one distinct reaction or step. The overall percentage yield of a multi-step

synthesis is

actual yield,

actual yield,

Overall percentage yield = (

theoretical yield,

..-]1009
theoretical yield, X )100 e

';a}'s = WileyPLUS, an online teaching and learning solution. Note to instructors: Many of the end-of-chapter problems are available for assign-
ment via the WileyPLUS system. www.wileyplus.com. ILW = An Interactive Learningware solution is available for this problem. OH = An Office
Hour video is available for this problem. Review Problems are presented in pairs separated by blue rules. Answers to problems whose numbers
appear in blue are given in Appendix B. More challenging problems are marked with an asterisk *.

| Review Questions

Mole Concept

4.1 Using atomic mass units, how would you estimate the num-
ber of atoms in a gram of iron?

4.2 What is the definition of the mole?

4.3 Why are moles used, when all stoichiometry problems could
be done using only atomic mass units?

4.4 Which contains more molecules: 2.5 mol of H,O or 2.5 mol
of H,? Which contains more atoms? Which weighs more?

Chemical Formulas

4.5 How many moles of iron atoms are in one mole of Fe,0j;?
How many iron atoms are in one mole of Fe,O3?

4.6 Write all the mole-to-mole conversion factors that can be
written based on the following chemical formulas: (a) SO,,
(b) As,Os, (c) K,SO,, (d) Na,HPO,.

4.7 Write all the mole-to-mole conversion factors that can
be written based on the following chemical formulas:
(@) Mn;0,, (b) szss, () (NHy),SOy, (d) Hg2C12,

4.8 What information is required to convert grams of a sub-
stance into moles of that same substance?

4.9 Why is the expression “1.0 mol of oxygen” ambiguous?
Why doesn’t a similar ambiguity exist in the expression

“64 g of oxygen?”

4.10 The atomic mass of aluminum is 26.98. What specific con-
version factors does this value make available for relating a
mass of aluminum (in grams) and a quantity of aluminum
given in moles?

Empirical Formulas

4.11 In general, what fundamental information, obtained from
experimental measurements, is required to calculate the
empirical formula of a compound?

4.12 Why are empirical formulas always used for ionic
compounds?

4.13 Under what circumstances can we change, or assign, sub-
scripts in a chemical formula?

4.14 How many distinct empirical formulas are shown by the
following models for compounds formed between ele-
ments A and B? Explain. (Element A is represented by a
black sphere and element B by a light gray sphere.)


www.wileyplus.com

Avogadro’s Number

4.15 How would Avogadro’s number change if the atomic mass
unit were to be redefined as 2 x 107%7 kg, exactly?

4.16 What information is required to convert grams of a sub-
stance into molecules of that same substance?

Stoichiometry with Balanced Equations

4.17 The balanced chemical equation for the combustion of
propane, a common heating fuel, is

C;H; + 50,—— 3CO, + 4H,0

Draw a molecular-level diagram of this chemical reaction.
Use the color chart on page 11 to distinguish the atoms
from each other.

4.18 Draw a molecular-level diagram for the reaction in which
sulfur dioxide reacts with molecular oxygen to form sulfur
trioxide. Be sure to write and balance the equation first.
Use the color chart on page 11 to distinguish the atoms
from each other.

4.19 When given the unbalanced equation
Na(s) + Cl,(g) —— NaCl(s)
and asked to balance it, student A wrote
Na(s) + Cl,(g) —— NaCl,(s)
and student B wrote
2Na(s) + Cl,(g) —— 2NaCl(s)
Both equations are balanced, but which student is correct?

Explain why the other student’s answer is incorrect.

4.20 Give a step-by-step procedure for estimating the number
grams of A required to completely react with 10 moles
of B, given the following information:

A and B react to form AsB,.

A has a molecular mass of 100.0.

B has a molecular mass of 200.0.

There are 6.02 x 10% molecules of A in a mole of A.
Which of these pieces of information weren’t needed?

4.21 If two substances react completely in a 1-to-1 ratio both
by mass and by moles, what must be true about these
substances?

4.22 What information is required to determine how many
grams of sulfur would react with a gram of arsenic?
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4.23 A mixture of 0.020 mol of Mg and 0.020 mol of Cl,
reacted completely to form MgCl, according to the
equation

What information describes the stoichiometry of this
reaction? What information gives the scale of the reaction?

4.24 In a report to a supervisor, a chemist described an experi-
ment in the following way: “0.0800 mol of H,0, decom-
posed into 0.0800 mol of H,O and 0.0400 mol of O,.”
Express the chemistry and stoichiometry of this reaction
by a conventional chemical equation.

4.25 On April 16, 1947, in Texas City, Texas, two cargo ships,
the Grandcamp and the High Flier, were each loaded with
approximately 2000 tons of ammonium nitrate fertil-
izer. The Grandcamp caught fire and exploded, followed
by the High Flier. More than 600 people were killed and
one-third of the city was destroyed. Considering a much
smaller mass, how would you count the number of N,
molecules that could be produced after the explosion of
1.00 kg of NH,NO3?

4.26 Molecules containing A and B react to form AB as
shown below. Based on the equations and the contents
of the boxes labeled “Initial,” sketch for each reaction the
molecular models of what is present after the reaction is
over. (In both cases, the species B exists as B,. In reac-
tion 1, A is monatomic; in reaction 2, A exists as diatomic
molecules 4,.)

1. 2A + B, — 2AB

-l

-l
<

Initial

2. A+ B, — 2AB

D d
)

e

Initial
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|Review Problems

The Mole Concept and Stoichiometric Equivalencies

4.27

4.28

In what smallest whole-number ratio must N and O atoms
combine to make dinitrogen tetroxide, N,O4 What is the
mole ratio of the elements in this compound?

In what atom ratio are the elements present in methane, CHy
(the chief component of natural gas)? In what mole ratio are
the atoms of the elements present in this compound?

4.29

4.30

How many moles of tantalum atoms correspond to 1.56 x
10*! atoms of tantalum?

How many moles of iodine molecules correspond to
1.80 x 10%** molecules of 1,?

4.31

4.32

Sucrose (table sugar) has the formula C;,H,,0;;. In this
compound, what is the

(a) atom ratio of C to H? (c) atom ratio of H to O?
(b) mole ratio of C to O? (d) mole ratio of H to O?

Nail polish remover is usually the volatile liquid ethyl
acetate, CH;COOC,Hs. In this compound, what is the

(a) atom ratio of C to O? (c) atom ratio of C to H?
(b) mole ratio of C to O? (d) mole ratio of C to H?

4.33

4.34

How many moles of Bi atoms are needed to combine with
1.58 mol of O atoms to make bismuth oxide, Bi,O5?

How many moles of vanadium atoms, V, are needed to
combine with 0.565 mol of O atoms to make vanadium
pentoxide, V,05?

4.35
4.36

How many moles of Cr are in 2.16 mol of Cr,0j?

How many moles of O atoms are in 4.25 mol of calcium
carbonate, CaCOj, the chief constituent of seashells?

4.37 Aluminum sulfate, Al,(SO,);, is a compound used in sew-

4.38

age treatment plants.

(a) Construct a pair of conversion factors that relate moles
of aluminum to moles of sulfur for this compound.

(b) Construct a pair of conversion factors that relate moles

of sulfur to moles of Al,(SOy);.

(c) How many moles of Al are in a sample of this com-
pound if the sample also contains 0.900 mol S?

(d) How many moles of S are in 1.16 mol Al,(SO,)5?
Magnetite is a magnetic iron ore. Its formula is Fe;Oy.

(a) Construct a pair of conversion factors that relate moles
of Fe to moles of Fe;O,.

(b) Construct a pair of conversion factors that relate moles
of Fe to moles of O in Fe;O,.

(¢) How many moles of Fe are in 2.75 mol of Fe;04?

(d) If this compound could be prepared from Fe,O; and

O,, how many moles of Fe,O; would be needed to
prepare 4.50 mol Fe;O,?

4.39

How many moles of H, and N, can be formed by the
decomposition of 0.145 mol of ammonia, NH3?

4.40

How many moles of S are needed to combine with 0.225

mol Al to give AL,S;?

LW 4.41

4.42

How many moles of UF would have to be decomposed
to provide enough fluorine to prepare 1.25 mol of CF;?
(Assume sufficient carbon is available.)

How many moles of Fe;Oy are required to supply enough
iron to prepare 0.260 mol Fe,O3? (Assume sufficient oxy-
gen is available.)

4.43

4.44

How many atoms of carbon are combined with 4.13 moles
of hydrogen atoms in a sample of the compound propane,
C;Hg? (Propane is used as the fuel in gas barbecues.)

How many atoms of hydrogen are found in 2.31 mol of
propane, C;Hg?

4.45

4.46

What is the total number of C, H, and O atoms in 0.260
moles of glucose, C;H,04?

What is the total number of N, H, and O atoms in 0.356 mol
of ammonium nitrate, NH;NOj3, an important fertilizer?

Measuring Moles of Elements and Compounds

4.47
0H 4.48

How many atoms are in 6.00 g of carbon-12?

How many atoms are in 1.50 mol of carbon-12? How
many grams does this much carbon-12 weigh?

4.49

4.50

Determine the mass in grams of each of the following;

(a) 1.35 mol Fe, (b) 24.5 mol O, (c) 0.876 mol Ca.

Determine the mass in grams of each of the following:

(a) 0.546 mol S, (b) 3.29 mol N, (c) 8.11 mol Al.

4.51 A nanotechnology experiment requires 2 x 10'? atoms of

4.52

potassium. What is the mass of this sample?

What is the mass, in grams, of 4 x 10'7 atoms of gold pres-
ent in one nanoparticle?

4.53
454

How many moles of nickel are in 17.7 g of Ni?

How many moles of chromium are in 85.7 g of Cr?

4.55

4.56

Calculate the formula mass of each of the following to the
maximum number of significant figures possible using the
table of atomic masses inside the front cover.

(a) NaHCO,
(b) (NH,),CO;
(¢) CuSO,-5H,0

Calculate the formula mass of each of the following to the

(d) potassium dichromate

(e) aluminum sulfate

maximum number of significant figures possible using the
table of atomic masses inside the front cover.

(d) Fes[Fe(CN)gl;

(e) magnesium phosphate

(a) calcium nitrate
(b) Pb(C,H5)4
(c) Na,SO,4-10H,0

4.57

Calculate the mass in grams of the following.
(a) 1.25 mol Cas(POy),
(b) 0.625 mmol iron(III) nitrate



(c) 0.600 pmol C;H,,
(d) 1.45 mol ammonium carbonate
4.58 What is the mass in grams of the following?
(a) 0.754 mol zinc chloride
(b) 0.194 pmol potassium chlorate
(c) 0.322 mmol POCl,
() 4.31 x 103 mol (NH,),HPO,

4.59 Calculate the number of moles of each compound in the
following samples.

(a) 21.5 g calcium carbonate
(b) 1.56 ng NH;
(c) 16.8 g strontium nitrate
(d) 6.98 pg Na,CrOy
4.60 Calculate the number of moles of each compound in the
following samples.
(a) 9.36 g calcium hydroxide
(b) 38.2 kg lead(I)sulfate
(c) 4.29 g H,0,
(d) 4.65 mg NaAuCl,

ILW 4.61 One sample of CaC, contains 0.150 mol of carbon. How

many moles and how many grams of calcium are also in
the sample? [Calcium carbide, CaC,, was once used to
make signal flares for ships. Water dripped onto CaC, re-
acts to give acetylene (C,H,), which burns brightly.]

0H 4.62 How many moles of iodine are in 0.500 mol of Ca(105),?

How many grams of calcium iodate are needed to supply
this much iodine? [Todized salt contains a trace amount of
calcium iodate, Ca(I103),, to help prevent a thyroid condi-
tion called goiter.]

4.63 How many moles of nitrogen, N, are in 0.650 mol of
ammonium carbonate? How many grams of this com-
pound supply this much nitrogen?

4.64 How many moles of nitrogen, N, are in 0.556 mol of
ammonium nitrate? How many grams of this compound
supply this much nitrogen?

4.65 How many kilograms of a fertilizer made of pure
(NH),CO; would be required to supply 1 kilogram of

nitrogen to the soil?

4.66 How many kilograms of a fertilizer made of pure P,Os would
be required to supply 1 kilogram of phosphorus to the soil?

Percentage Composition

4.67 Calculate the percentage composition by mass for each of
the following:

(a) sodium dihydrogen phosphate
(b) NH,H,PO,

(0) (CH;),CO

(d) calcium sulfate dihydrate

(e) CaSO,-2H,0
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4.68 Calculate the percentage composition by mass of each of
the following: (a) (CH3),N,H, (b) CaCO; (c) iron(III)
nitrate (d) CsHg (e) aluminum sulfate

4.69 Which has a higher percentage of oxygen: morphine
(Cy7H,9NO3) or heroin (C,;H,3NOs)?

4.70 Which has a higher percentage of nitrogen: carbamazepine
(ClsleNzo) or Carbetapentane (C20H31N03)?

4.71 Freon is a trade name for a group of gaseous compounds

once used as propellants in aerosol cans. Which has a
higher percentage of chlorine: Freon-12 (CCLF,) or Freon
141b (C,H,CLF)?

4.72 Which has a higher percentage of fluorine: Freon-12
(CCLF,) or Freon 113 (C,Cl;F5)?

0H 4.73 It was found that 2.35 g of a compound of phosphorus

and chlorine contained 0.539 g of phosphorus. What are
the percentages by mass of phosphorus and chlorine in this
compound?

4.74 An analysis revealed that 5.67 g of a compound of nitro-
gen and oxygen contained 1.47 g of nitrogen. What are
the percentages by mass of nitrogen and oxygen in this
compound?

4.75 Phencyclidine (“angel dust”) is C;;H,sN. A sample sus-
pected of being this illicit drug was found to have a per-
centage composition of 84.71% C, 10.42% H, and 5.61%
N. Do these data acceptably match the theoretical data for
phencyclidine?

4.76 The hallucinogenic drug LSD has the molecular formula
Cy0H,5N;0. One suspected sample contained 74.07% C,
7.95% H, and 9.99% N.

(a) What is the percentage of O in the sample?
(b) Are these data consistent for LSD?

4.77 How many grams of O are combined with 7.14 x 10!
atoms of N in the compound dinitrogen pentoxide?

4.78 How many grams of C are combined with 4.25 x 10%
atoms of H in the compound CsH,,?

Empirical Formulas

4.79 Write empirical formulas for the following compounds.

(a) S,Cl, (c) NH; (e) H,0,
(b) C¢H 1,04 (d) As,O4
4.80 What are the empirical formulas of the following
compounds?
(a) C,H4(OH), (c) C4Hyo (e) C,HsOH
(b) H,S,04 (d) B,H

4.81 Quantitative analysis of a sample of sodium pertechne-
tate with a mass of 0.896 g found 0.111 g of sodium and
0.477 g of technetium. The remainder was oxygen.
Calculate the empirical formula of sodium pertechnetate.
(Radioactive sodium pertechnetate is used as a brain-scan-
ning agent in medicine.)
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4.82 A sample of Freon was found to contain 0.423 g of C,
2.50 g of Cl, and 1.34 g of E What is the empirical formula
of this compound?

4.83 A dry-cleaning fluid composed of only carbon and chlorine
was found to be composed of 14.5% C and 85.5% Cl (by
mass). What is the empirical formula of this compound?

4.84 One compound of mercury with a molar mass of
519 contains 77.26% Hg, 9.25% C, and 1.17% H (with the
balance being O). Calculate the empirical and molecular
formulas.

4.85 Cinnamic acid, a compound related to the flavor component
of cinnamon, is 72.96% carbon, 5.40% hydrogen, and the
rest is oxygen. What is the empirical formula of this acid?

4.86 Vanillin, a compound used as a flavoring agent in food
products, has the following percentage composition:
64.2% C, 5.26% H, and 31.6% O. What is the empirical

formula of vanillin?

ILW 4.87 When 0.684 gofan organic compound containing only car-

bon, hydrogen, and oxygen was burned in oxygen, 1.312 g
of CO, and 0.805 g of H,O were obtained. What is the
empirical formula of the compound?

4.88 Methyl ethyl ketone (often abbreviated MEK) is a power-
ful solvent with many commercial uses. A sample of this
compound (which contains only C, H, and O) weighing
0.822 g was burned in oxygen to give 2.01 g of CO, and
0.827 g of H,O. What is the empirical formula for MEK?

4.89 When 6.853 mg of a sex hormone was burned in a combus-
tion analysis, 19.73 mg of CO, and 6.391 mg of H,O were
obtained. What is the empirical formula of the compound?

4.90 When a sample of a compound in the vitamin D fam-
ily was burned in a combustion analysis, 5.983 mg of the
compound gave 18.490 mg of CO, and 6.232 mg of H,0.
What is the empirical formula of the compound?

Molecular Formulas

4.91 The following are empirical formulas and the masses per
mole for three compounds. What are their molecular
formulas?
(a) Na$,03; 270.4 g/mol
(b) C3H,Cl; 147.0 g/mol
(¢) C,HCI; 181.4 g/mol

4.92 The following are empirical formulas and the masses per
mole for three compounds. What are their molecular
formulas?
(a) Na,SiO3; 732.6 g/mol
(b) NaPOy3; 305.9 g/mol
(¢) CH;30; 62.1 g/mol

4.93 The compound described in Problem 4.89 was found to have
a molecular mass of 290. What is its molecular formula?

4.94 The compound described in Problem 4.90 was found to
have a molecular mass of 399. What is the molecular for-
mula of this compound?

ILW 4.95 A sample of a compound of mercury and bromine with a

mass of 0.389 g was found to contain 0.111 g bromine. Its
molecular mass was found to be 561. What are its empiri-
cal and molecular formulas?

4.96 A 0.6662 g sample of “antimonal saffron,” which is a red
pigment used in painting, was found to contain 0.4017 g
of antimony. The remainder was sulfur. The formula mass
of this compound is 404. What are the empirical and
molecular formulas of this pigment?

4.97 A sample of a compound of C, H, N, and O, with a mass
0f0.6216 g was found to contain 0.1735 gof C, 0.01455 g
of H, and 0.2024 g of N. Its formula mass is 129. Calcu-

late its empirical and molecular formulas.

4.98 Strychnine, a deadly poison, has a formula mass of 334
and a percentage composition of 75.42% C, 6.63% H,
8.38% N, and the balance oxygen. Calculate the empirical
and molecular formulas of strychnine.

Balancing Chemical Equations

4.99 A balanced chemical equation contains the term
“2Ba(OH),-8H,0.” How many atoms of each element
does this represent in the molecular view? How many moles
of each element does this represent on the laboratory scale?

4.100 A balanced chemical equation contains the term
“3Ca3(POy),.” How many atoms of each element does
this represent in the molecular view? How many moles of
each element does this represent on the laboratory scale?

0H 4.101 Write the equation that expresses in acceptable chemical

shorthand the following statement: “Iron can be made to
react with molecular oxygen to give iron(III) oxide.”

4.102 The conversion of one air pollutant, nitrogen monox-
ide, produced in vehicle engines, into another pollutant,
nitrogen dioxide, occurs when nitrogen monoxide reacts
with molecular oxygen in the air. Write the balanced
equation for this reaction.

4.103 Balance the following equations.
(a) Calcium hydroxide reacts with hydrogen chloride to
form calcium chloride and water.
(b) Silver nitrate and calcium chloride react to form cal-
cium nitrate and silver chloride.
(c) Lead nitrate reacts with sodium sulfate to form lead
sulfate and sodium nitrate.
(d) Iron(III) oxide and carbon react to form iron and car-
bon dioxide.
(e) Butane reacts with oxygen to form carbon dioxide and
water.
4.104 Balance the following equations.
(a) SO, + O,—— SO;4
(b) NaHCO; + H,SO4,—— Na,SO,4 + H,0 + CO,
(© PO,y + H,O—— H,PO,
(d) Fe,O5 + H,—— Fe + H,O
(e) Al + H,SO,—— Al,(SO,); + H,




4.105 Balance the following equations.
(a) Mg(OH), + HBr—— MgBr, + H,O
(b) HCI + Ca(OH), —— CaCl, + H,0
(0 ALO; + H,S0,—— AL(SO4); + H,0
(d) KHCO; + H,PO,—— K,HPO, + H,O + CO,
(e) CoH,, + O,—— CO, + H,0

4.106 Balance the following equations.
(a) CaO + HNO; —— Ca(NOs), + H,O
(b) Na,CO; + Mg(NO3), —— MgCO; + NaNO;
(© (NH,);PO, + NaOH —— Na,PO, + NH; + H,0
(d) LiHCO; + H,SO,—— Li,SO, + H,0 + CO,
(e) C,H,,O + O,—— CO, + H,0

4.107 Using the diagram below, write the balanced chemical

equation.
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4.108 Using the diagram below, write the balanced chemical
equation.
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Stoichiometry Based on Chemical Equations

4.109 Chlorine is used by textile manufacturers to bleach cloth.
Excess chlorine is destroyed by its reaction with sodium
thiosulfate, Na,S,03, as follows.

Na,S,0;(ag) + 4Cly(g) + 5H,0 —
INaHSO,(ag) + SHCl(ag)

(a) How many moles of Na,S,0; are needed to react with
0.12 mol of Cl,?

(b) How many moles of HCl can form from 0.12 mol
of Cly?

(c) How many moles of H,O are required for the reaction
of 0.12 mol of Cl;?

(d) How many moles of H,O react if 0.24 mol HCl is
formed?

4.110 The octane in gasoline burns according to the following
equation.

2CeH,5 + 250,—— 16CO, + 18H,0
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(a) How many moles of O, are needed to react fully with
6.84 mol of octane?

(b) How many moles of CO, can form from 0.511 mol of
octane?

(c) How many moles of water are produced by the com-
bustion of 8.20 mol of octane?

(d) If chis reaction is used to synthesize 6.00 mol of CO,,
how many moles of oxygen are needed? How many
moles of octane?

4.111 The following reaction is used to extract gold from pre-
treated gold ore:

2Au(CN), (ag) + Zn(s) — 2Au(s) + Zn(CN) 2 (aq)

(a) How many grams of Zn are needed to react with

0.11 mol of Au(CN),?

(b) How many grams of Au can form from 0.11 mol of
AU.(CN)zi?

(c) How many grams of Au(CN),™ are required for the
reaction of 0.11 mol of Zn?

0H 4.112 Propane burns according to the following equation.

C3H3 + 502—) 3C02 + 4H20
(a) How many grams of O, are needed to react fully with
3.45 mol of propane?
(b) How many grams of CO, can form from 0.177 mol
of propane?
(c) How many grams of water are produced by the com-
bustion of 4.86 mol of propane?

4.113 The incandescent white of a fireworks display is caused
by the reaction of phosphorus with O, to give P4O.

(a) Write the balanced chemical equation for the reaction.

(b) How many grams of O, are needed to combine with
6.85 g of P?

(¢) How many grams of PO, can be made from 8.00 g
of O,?

(d) How many grams of P are needed to make 7.46 g of
PO,
4.114 The combustion of butane, C;H,y, produces carbon

dioxide and water. When one sample of C;H, was
burned, 4.46 g of water was formed.

(a) Write the balanced chemical equation for the reaction.
(b) How many grams of butane were burned?
(¢) How many grams of O, were consumed?

(d) How many grams of CO, were formed?

ILW 4.115 In dilute nitric acid, HNOj;, copper metal dissolves

according to the following equation.

3Cu(s) + 8HNO;(ag) —
3Cu(NO3),(aq) + 2NO(g) + 4H,0

How many grams of HNO; are needed to dissolve
11.45 g of Cu according to this equation?
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4.116 The reaction of hydrazine, N,H,, with hydrogen

peroxide, H,0,, has been used in rocket engines.
One way these compounds react is described by the
equation

N,H, + 7H,0,—— 2HNO; + 8H,0

According to this equation, how many grams of H,0, are
needed to react completely with 852 g of N,H?

4.117

4.118

Oxygen gas can be produced in the laboratory by decom-
position of hydrogen peroxide (H,O,):

2H,0,—— 2H,0 + O,(g)

How many kg of O, can be produced from 1.0 kg of
H,0,?

Oxygen gas can be produced in the laboratory by decom-
position of potassium chlorate (KCIO3):

KCIO; —— 2KCl + 30,(g)

How many kg of O, can be produced from 1.0 kg of
KClOy?

Limiting Reactant Calculations

4.119 Using the balanced equation

2C,HS(g) +90,(g9) —— 4C0O,(g) + 250,(9)+ 6H,0(g)

determine the number of SO, units formed in the
following molecular representation.

e e e
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4.120 Using the balanced chemical equation in Problem 4.119
and the diagram below, determine what the limiting reac-
tant was.
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4.121

The reaction of powdered aluminum and iron(III) oxide,

2A_1 + F6203—> A.lea + 2FC

produces so much heat the iron that forms is molten.
Because of this, railroads have used this reaction to provide
molten iron to weld steel rails together when laying track.
Suppose that in one batch of reactants 4.20 mol of Al was
mixed with 1.75 mol of Fe,0;.

(a) Which reactant, if either, was the limiting reactant?

(b) Calculate the number of grams of iron that can be
formed from this mixture of reactants.

4.122 Ethanol (C,HsOH) is synthesized for industrial use

by the following reaction, carried out at very high
pressure:

C,Hy(9 + H,0(g) —— C,H;OH())

What is the maximum amount, in kg, of ethanol that
can be produced when 1.62 kg of ethylene (C,H,) and

0.0148 kg of steam are placed into the reaction vessel?

ILW 4.123 Silver nitrate, AgNOj, reacts with iron(IIl) chloride,

FeCl,,to give silver chloride, AgCl, and iron(III) nitrate,
Fe(NO;);. A solution containing 18.0 g of AgNOj; was
mixed with a solution containing 32.4 g of FeCl;. How
many grams of which reactant remains after the reaction
is over?

4.124 Chlorine dioxide, ClO,, has been used as a disinfectant

in air-conditioning systems. It reacts with water accord-
ing to the equation

6ClO, + 3H,0 —— 5HCIO; + HCl
If 142.0 g of ClO, is mixed with 38.0 g of H,O, how

many grams of which reactant remain if the reaction is
complete?

ILW 4.125

4.126

Some of the acid in acid rain is produced by the following
reaction:

3NO,(g) + H,0(/) — 2HNOj;(ag) + NO(g)

If a falling raindrop weighing 0.050 g comes into contact
with 1.0 mg of NO,(g), how many milligrams of HNO;
can be produced?

Phosphorus pentachloride reacts with water to give phos-
phoric acid and hydrogen chloride according to the fol-
lowing equation.

PCl, + 4H,0 —— H,PO, + SHCI

In one experiment, 0.360 mol of PCls was slowly added
to 2.88 mol of water.

(a) Which reactant, if either, was the limiting reactant?

(b) How many grams of HCl were formed in the reaction?

Theoretical Yield and Percentage Yield

4.127

Barium sulfate, BaSOy, is made by the following reaction.

Ba(NO),(29) + Na,SO(ag) —
BaSOy(s) + 2NaNOj;(aq)

An experiment was begun with 75.00 g of Ba(NOj3),
and an excess of Na,SOy. After collecting and drying the
product, 64.45 g of BaSOy4 was obtained. Calculate the
theoretical yield and percentage yield of BaSOj.



4.128 The Solvay process for the manufacture of sodium car-

bonate begins by passing ammonia and carbon dioxide
through a solution of sodium chloride to make sodium
bicarbonate and ammonium chloride. The equation for
the overall reaction is

H,0 + NaCl + NH; + CO,——
NH,CI + NaHCO;

In the next step, sodium bicarbonate is heated to give so-
dium carbonate and two gases, carbon dioxide and steam.

2NaHCO, —— Na,CO; + CO, + H,0

What is the theoretical yield of sodium carbonate, ex-
pressed in grams, if 120 g of NaCl was used in the first
reaction? If 85.4 g of Na,CO; was obtained, what was the
percentage yield?

4.129 Aluminum sulfate can be made by the following reaction.

2AICl;(ag) 4+ 3H,SO4(aq) —

ALy (SOy)3(aq) + 6HCl(agq)
It is quite soluble in water, so to isolate it the solution has
to be evaporated to dryness. This drives off the volatile
HCI, but the residual solid has to be heated to a little over
200 °C to drive off all of the water. In one experiment,
25.0 g of AICl; was mixed with 30.0 g of H,SO. Eventu-
ally, 28.46 g of pure Al,(SO,); was isolated. Calculate the
percentage yield.

| Additional Exercises

4.133 Mercury is an environmental pollutant because it can

be converted by certain bacteria into the very poisonous
substance dimethyl mercury, (CH3),Hg. This compound
ends up in the food chain and accumulates in the tis-
sues of aquatic organisms, particularly fish, which ren-
ders them unsafe to eat. It is estimated that in the United
States 263 tons of mercury are released into the atmo-
sphere each year. If only 1.0 percent of this mercury is
eventually changed to (CH3),Hg, how many pounds of
this compound are formed annually?

*4.134 Lead compounds are often highly colored and are toxic

to mold, mildew, and bacteria, properties that in the past
were useful for paints used before 1960. Today we know
lead is very hazardous and it is not used in paint, how-
ever, old paint is still a problem. If a certain lead-based
paint contains 14.5% PbCr,O;, and 73% of the paint
evaporates as it dries, what mass of lead will be in a paint
chip that weighs 0.15 g?

4.135 A superconductor is a substance that is able to conduct elec-

tricity without resistance, a property that is very desirable in
the construction of large electromagnets. Metals have this
property if cooled to temperatures a few degrees above ab-
solute zero, but this requires the use of expensive liquid heli-
um (boiling point 4 K). Scientists have discovered materials

4.130
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The combustion of methyl alcohol in an abundant excess
of oxygen follows the equation
2CH;0H + 30, —— 2CO, + 4H,0

When 6.40 g of CH;0OH was mixed with 10.2 g of O,
and ignited, 6.12 g of CO, was obtained. What was the
percentage yield of CO,?

*4.131

OH *4.132

*4.136

*4,137

The potassium salt of benzoic acid, potassium benzoate
(KC,H50,), can be made by the action of potassium per-
manganate on toluene (C,Hy) as follows.

C7H8 + 2KMDO4—)
KC,H,0, + 2MnO, + KOH + H,0

If the yield of potassium benzoate cannot realistically be
expected to be more than 71%, what is the minimum
number of grams of toluene needed to produce 11.5 g of
potassium benzoate?

Manganese(III) fluoride, MnF;, can be prepared by the
following reaction.

2Mnl,(s) + 13F,(g) —— 2MnF;(s) + 41F;(/)

If the percentage yield of MnFj; is always approximately
56%, how many grams of MnF; can be expected if 10.0
grams of each reactant is used in an experiment?

that become superconductors at higher temperatures, but
they are ceramics. Their brittle nature has so far prevented
them from being made into long wires. A recently discov-
ered compound of magnesium and boron, which consists
of 52.9 % Mg and 47.1 % B, shows special promise as a
high-temperature superconductor because it is inexpensive
to make and can be fabricated into wire relatively easily.
What is the formula of this compound?

A 0.1246 g sample of a compound of chromium and
chlorine was dissolved in water. All of the chloride ion
was then captured by silver ion in the form of AgCl.
A mass of 0.3383 g of AgCl was obtained. Calculate the
empirical formula of the compound of Cr and ClL.

A compound of Ca, C, N, and S was subjected to quan-
titative analysis and formula mass determination, and the
following data were obtained. A 0.250 g sample was mixed
with Na,COj to convert all of the Ca to 0.160 g of CaCOs.
A 0.115 g sample of the compound was carried through a
seties of reactions until all of its S was changed to 0.344 g of
BaSO,. A 0.712 g sample was processed to liberate all of its
N as NHj, and 0.155 g of NH; was obtained. The formula
mass was found to be 156. Determine the empirical and
molecular formulas of this compound.
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4.138

4.139

*4.140

4.141

4.142

|Exercises in Critical Thinking

Ammonium nitrate will detonate if ignited in the pres-
ence of certain impurities. The equation for this reaction
at a high temperature is

2NH,NO,(5) 22, 2N, () + O,(g) + 4H,0(g)

Notice that all of the products are gases, so they occupy a

vastly greater volume than the solid reactant.

(a) How many moles of a// gases are produced from 1 mol
of NH,NO;?

(b) If 1.00 ton of NH,NOj exploded according to this
equation, how many moles of a// gases would be pro-
duced? (1 ton = 2000 1b.)

A lawn fertilizer is rated as 6.00% nitrogen, meaning
6.00 g of N in 100 g of fertilizer. The nitrogen is present
in the form of urea, (NH,),CO. How many grams of
urea are present in 100 g of the fertilizer to supply the
rated amount of nitrogen?

Nitrogen is the “active ingredient” in many quick-acting
fertilizers. You are operating a farm of 1500 acres to pro-
duce soybeans. Which of the following fertilizers will you
choose as the most economical for your farm? (a) NH,NO,
at $625 for 25 kg; (b) (NH,),HPO, at $55 for 1 kg;
() urea, CH,ON,, at $60 for 5 kg; or (d) ammonia, NH;
at $128 for 50 kg.

Based solely on the amount of available carbon, how many
grams of sodium oxalate, Na,C,Oy, could be obtained
from 125 g of C¢Hg? (Assume that no loss of carbon occurs
in any of the reactions needed to produce the Na,C,0,.)

According to NASA, the space shuttle’s external fuel tank
for the main propulsion system carries 1,361,936 Ib of lig-
uid oxygen and 227,641 Ib of liquid hydrogen. During
takeoff, these chemicals are consumed as they react to
form water. If the reaction is continued until all of one
reactant is gone, how many pounds of which reactant
are left over?

4.146 A newspaper story describing the local celebration of

4.147

Mole Day on October 23 (selected for Avogadro’s num-
ber, 6.02 X 10%) attempted to give the readers a sense of
the size of the number by stating that a mole of M&M:s
would be equal to 18 tractor trailers full. Assuming that
an M&M occupies a volume of about 0.5 cm?, calculate
the dimensions of a cube required to hold one mole of
M&Ms. Would 18 tractor trailers be sufficient?

Suppose you had one mole of pennies and you were going
to spend 500 million dollars each and every second until

*4.143

4.144
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For a research project, a student decided to test the effect
of the lead(I) ion (Pb*") on the ability of salmon eggs
to hatch. This ion was obtainable from the water-soluble
salt, lead(Il) nitrate, Pb(NOs3),, which the student
decided to make by the following reaction. (The desired
product was to be isolated by the slow evaporation of the
water.)

PbO(s) + 2HNO;(ag) —— Pb(NO;),(ag) + H,0

Losses of product for various reasons were expected, and
a yield of 86.0% was expected. In order to have 5.00 g of
product at this yield, how many grams of PbO should be
taken? (Assume that sufficient nitric acid, HNO;, would
be used.)

Chlorine atoms cause chain reactions in the stratosphere
that destroy ozone that protects the Earth’s surface from
ultraviolet radiation. The chlorine atoms come from
chlorofluorocarbons, compounds that contain carbon,
fluorine, and chlorine, which were used for many years
as refrigerants. One of these compounds is Freon-12,
CF,Cl,. If a sample contains 1.0 X 107~ g of Cl, how
many grams of F should be present if all of the F and CI
atoms in the sample came from CF,Cl, molecules?

Lime, CaO, can be produced in two steps as shown in the
equations below. If the percentage yield of the first step
is 83.5% and the percentage yield of the second step is
71.4%, what is the expected overall percentage yield for
producing CaO from CaCl,?

CaCly(ag) + CO,(g) + H,O—
CaCO;(s) + 2HCl(ag)

CaCOs4(s) —her L CaO@s) + H,0(g)

you spent your entire fortune. How many years would
it take you to spend all this cash? (Assume 1 year = 365
days.)

Using the above two questions as examples, devise a cre-
ative way to demonstrate the size of the mole, or Avoga-
dro’s number.

List the different ways in which a chemist could use the
information used to determine empirical formulas.



Chapters 1-4

. . Many of the fundamental concepts and problem-solving skills developed in the preceding
[Brlnglng It Together] chapters will carry forward into the rest of this book. Therefore, we recommend that you

pause here to see how well you have grasped the concepts, how familiar you are with important terms, and how able you are at
working chemistry problems.

Don’t be discouraged if some of the problems here seem to be difficult at first. Many require using tools developed in more than
one chapter. In some cases, necessary data are not included in the problem, so you will need to refer to tables in the book, includ-
ing those inside the front and back covers. For problems that require mathematical solutions, we recommend that you follow the
approach used in the worked examples. Begin with an analysis of the problem. If you get stuck, keep in mind that all the necces-
sary tools have been discussed in the preceding chapters. Next, assemble the necessary tools and set up the required conversion
factors needed to obtain the answers, and then proceed to the solution. Don’t forget to check your answers!

1. A rectangular block of zinc was found to be 24.6 cm wide, weighed, the silver chloride that formed weighed 3.243 g.
0.35140 m high, and 7,424 mm deep. What is the name of the iron—chlorine compound?
(2) How many significant figures are in each measurement? 9. A sample of the compound shown below contains 5.22 g of
(b) Calculate the volume of the block in units of cm?. Be sure nitrogen. How many grams of oxygen does it contain? What
to express your answer to the correct number of signifi- is the percentage by mass of nitrogen in the compound?

cant figures.

(c) Calculate the volume of the zinc block in cubic feet.
(d) Zinc has a density of 7.140 g/cm?. What is the mass of the
block in kilograms? :
(e) How many moles of zinc are contained in the block? ’
(f) If all of the zinc were converted to zinc phosphate, how G

many grams of this compound would be obtained?

2. What is the difference between an atom and a molecule? o

What is the difference between a molecule and a mole? If
10. Ethanol, C,HsOH, isarenewable energy resource thatisadded

you were forming a conversion factor, what relationship exists
to gasoline to help reduce the U.S. dependence on foreign oil

between molecules and moles?
imports. How many molecules of ethanol are in 1.00 fluid

ounce of the liquid? The density of ethanol is 0.798 g/mL
(1 fluid oz = 29.6 mL). How many grams of O, are needed

3. Ifa 10.0 g sample of element X contains twice as many atoms
asa 10.0 g sample of element ¥; how does the atomic mass of

X ith th i fv? .
compare with the atofmic mass o for the complete combustion of 1.00 gallons of ethanol to

4. What is the percentage composition by mass of the substance give CO, and H,0?

hown below? Hi 1 in 12.0 g of this sub: 2
shown below? How many molecules are in § 0% s substanice 11. How did Dalton’s atomic theory account for the law of con-

1 servation of mass? How did it explain the law of definite
/‘ proportions?
' ' 12. What are the formula and name of the compound formed
! from chlorine and a substance in which the atoms contain 20
J' protons? What is the molar mass of this compound?

R O N e 80 b clow buzns in oxygen, the prod- 13. The atoms of one of the isotopes of plutonium, Pu, contain

T 94 protons, 110 neutrons, and 94 electrons. Write a symbol
ucts are carbon dioxide and water. How many grams of water

B -4 76 & of this substance? for this isotope that incorporates its mass number and atomic

number. Write the symbol for a different isotope of plutonium.

14. Give chemical formulas for the following.
(a) potassium nitrate (h) copper(Il) perchlorate
(b) calcium carbonate (i) bromine pentafluoride
(c) cobalt(Il) phosphate (j) dinitrogen pentaoxide

(d) magnesium sulfite (k) strontium acetate
9 ] < (e) iron(III) bromide (I) ammonium dichromate
(f) magnesium nitride (m) copper(I) sulfide

6. What is the total number of protons and electrons in one () aluminum selenide

Y IO
molecule of the substance described in Question 4? 15. Give chemical names for the following.

7. Derive a single conversion factor that would enable you to (2) NaClO, () ICL, (i) MnCl,
convert a volume of 3.14 ft into cubic centimeters (cm?). (b) Cay(POy), (f) PCl, () NaNO,

8. A silver nitrate solution was added to an aqueous solution (c) NaMnOy (g) K,CrO;4 (k) Fe(NOs3),
of 1.223 g of an iron—chlorine compound. When dried and (d) AlP (h) Ca(CN),
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For each of the following, indicate whether it is possible to see
the item specified with the naked eye. If not, explain.

(d) A mole of water

(e) An ion of sodium

(a) A molar mass of iron
(b) An atom of iron
(c) A molecule of water (f) A formula unit of sodium

chloride

Which of the following are binary substances: AL,O3, Cl,, MgO,
NO,, NaClO,? Which are molecular and which are ionic?

If 2.56 g of chlorine, Cl,, will be used to prepare dichlorine
heptaoxide, how many moles and how many grams of mo-
lecular oxygen are needed?

How many grams of O, are consumed in the complete com-
bustion of 25.0 mL of ethylene glycol, C,H4(OH),, which
has a density of 1.11 g mL~'? The products of the combus-
tion are CO, and H,0. How many molecules of CO, are
formed in the reaction?

A sample of 0.5866 g of nicotine was analyzed and found to
consist of 0.4343 g C, 0.05103 g H, and 0.1013 g N. Calcu-
late the percentage composition of nicotine.

A compound of potassium had the following percentage com-
position: K, 37.56%; H, 1.940%; B, 29.79%. The rest was
oxygen. Calculate the empirical formula of this compound
(arranging the atomic symbols in the order KH P O.)

How many milliliters of pure nitric acid, HNOj, are needed
to react with 2.56 mol of Cu in the following reaction? The
density of nitric acid is 1.51 g cm ™.

3Cu 4+ 8HNO; —— 3Cu(NOs3), + 2NO + 4H,0
Under the right conditions, ammonia can be converted to
nitrogen monoxide, NO, according to the following unbal-
anced equation.

NH, + O,—— NO + H,0

How many moles and how many grams of O, are needed to
react with 56.8 g of ammonia by this reaction?

Dolomite is a mineral consisting of calcium carbonate and
magnesium carbonate. When dolomite is strongly heated, its
carbonates decompose to their oxides (CaO and MgO) and
carbon dioxide is expelled.

(a) Write the separate equations for the decomposition of
calcium carbonate and magnesium carbonate.

(b) When a dolomite sample with a mass of 5.78 g was heated
strongly, the residue had a mass of 3.02 g. Calculate the
masses in grams and the percentages of calcium carbonate
and magnesium carbonate in this sample of dolomite.

Adipic acid, C¢H Oy, is a raw material for making nylon,
and it can be prepared in the laboratory by the following
reaction between cyclohexene, C¢H,y, and sodium dichro-
mate, Na,Cr, O, in sulfuric acid, H,SO;.
3CsHo(/) + 4Na,Cr,0;(aq) + 16H,S0,(aq) —

3CsH 004(s) + 4Cr,y(SO);(ag) + 4Na,SO4(ag) + 16H,0
There are side reactions. These plus losses of product dur-
ing its purification reduce the overall yield. A typical yield of
purified adipic acid is 68.6%.
(a) To prepare 12.5 g of adipic acid in 68.6% yield requires

how many grams of cyclohexene?

26.

27.

28.

29.

30.

31.

32.

33.

(b) The only available supply of sodium dichromate is its di-
hydrate, Na,Cr,0O, - 2H,0. (Since the reaction occurs in
an aqueous medium, the water in the dihydrate causes no
problems, but it does contribute to the mass of what is
taken of this reactant.) How many grams of this dihydrate
are also required in the preparation of 12.5 g of adipic acid
in a yield of 68.6%?

One of the ores of iron is hematite, Fe,O;, mixed with other

rock. One sample of this ore is 31.4% hematite. How many tons

of this ore are needed to make 1.00 ton of iron if the percentage
recovery of iron from the ore is 91.5% (1 ton = 2000 Ib)?

Gold occurs in the ocean in a range of concentration of 0.1 to

2 mg of gold per ton of seawater. Near one coastal city the

gold concentration of the ocean is 1.5 mg/ton.

(a) How many tons of seawater have to be processed to obtain
1.0 troy ounce of gold if the recovery is 65% successful?
(The troy ounce, 31.1 g, is the standard “ounce” in the
gold trade.)

(b) If gold can be sold for $1152.84 per troy ounce, what is the
breakeven point in the dollar cost per ton of processed sea-
water for extracting gold from the ocean at this location?

C.1. Pigment Yellow 45 (“sideran yellow”) is a pigment used

in ceramics, glass, and enamel. When analyzed, a 2.164 g

sample of this substance was found to contain 0.5259 g of Fe

and 0.7345 g of Cr. The remainder was oxygen. Calculate the
empirical formula of this pigment. What additional data are
needed to calculate the molecular mass of this compound?

When 6.584 mg of one of the hydrates of sodium sulfate

was heated so as to drive off all of its water of hydration, the

residue of anhydrous sodium sulfate had a mass of 2.889 mg.

What is the formula of the hydrate?

In an earlier problem we described the reaction of ammonia

with oxygen to form nitrogen monoxide, NO:

NH; + O,—— NO + H,0

How many moles and how many grams of NO could be

formed from a mixture of 45.0 g of NH; and 58.0 g of O?

How many grams of which reactant would remain unreacted?

(unbalanced)

A sample of 14.0 cm® of aluminum, in powdered form, was
mixed with an excess of iron(III) oxide. A reaction between them
was initiated that formed aluminum oxide and metallic iron.
How many cubic centimeters of metallic iron were formed?
Give the balanced equation for the reaction shown below. Is
there a limiting reactant? How many molecules of the excess
reactant are left?

@00
9

29

d2
2 ©
2 O

What principle forms the basis for the arrangement of ele-

</
2
2

ments in the periodic table? If the periodic table was arranged
in a spiral, what elements would be to the right of helium,
neon, argon, krypton, and radon, respectively?
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The Coca-Cola shown in this photo is a complex mixture that contains, among other

things, a small amount of phosphoric acid, which is added to provide just a bit of

tartness to the beverage. Many of the foods we eat contain acids and many of the

products we use around the house contain substances called bases. The nature of

acids and bases and how they behave in aqueous solutions are among the topics

discussed later in this chapter. (Photocuisine/Masterfile)

155



156 Chapter 5 | Molecular View of Reactions in Aqueous Solutions

[ This Chapter in Context

Water is an amazing substance. Composed of just three atoms, it is one of the most
common compounds on earth, and its ability to dissolve so many different kinds of ma-
terials is responsible, to a large degree, for the evolution of life as we know it. Our bodies
are composed of approximately 60% water; it is the major component of the fluids in and
around our cells, and it serves to transport nutrients throughout our systems.

A property of water that sets it apart from other liquids is its ability to dissolve many
ionic compounds, enabling their particles to mix at the molecular level where they are able
to easily react. In this chapter we will study in detail what happens when ionic substances
dissolve in water, the nature of the chemical reactions they undergo, and the products that
form. We will also introduce you to another important class of compounds called acids
and bases, and we will examine the reactions of these substances in aqueous solutions.
Finally, we will extend the principles of stoichiometry that you learned in Chapter 4 to
deal quantitatively with chemical reactions in solution.

W When water is a component of a
solution, it is usually considered to be
the solvent even when it is present in
small amounts.

9.1 |Describing Solutions

Before we get to the meat of our subject, we first must define some terms. A solution is a
homogeneous mixture in which the molecules or ions of the components freely inter-
mingle (Figure 5.1). When a solution forms, at least two substances are involved. One is
the solvent and all of the others are so/utes. The solvent is the medium into which the solutes
are mixed or dissolved. In this chapter we deal with aqueous solutions, so the solvent will
be liquid water." A solute is any substance dissolved in the solvent. It might be a gas, like
the carbon dioxide dissolved in the Coca-Cola shown in the photo on the preceding page.
Some solutes are liquids, like ethylene glycol dissolved in water to protect a car’s radiator
against freezing in the winter and boiling over in the summer. Solids, of course, can be
solutes, like the sugar dissolved in lemonade or the salt dissolved in seawater.

To describe the composition of a solution, we often specify a concentration, which
is the ratio of the amount of solute either to the amount of solvent or to the amount
of solution. A percentage concentration, for example, is the number of grams of solute
per 100 g of solution, a “solute-to-solution” ratio. Thus, the concentration of sodium
chloride in seawater is often given as 3% NaCl, which means 3 g NaCl/100 g seawater.

The relative amounts of solute and solvent are often loosely given without specifying
actual quantities. In a dilute solution the ratio of solute to solvent is small—such as when a
few crystals of salt are dissolved in a glass of water. In a concentrated solution, the ratio of
solute to solvent is large (Figure 5.2). Pancake syrup, for example, is a very concentrated
solution of sugar in water.

Concentrated and dilute are relative terms. For example, a solution of 100 g of sugar in
100 mL of water is concentrated compared to one with just 10 g of sugar in 100 mL of water,
but the latter solution is more concentrated than one that has 1 g of sugar in 100 mL of water.

Usually there is a limit to how much solute will dissolve in a solution. When a solution
contains as much solute as it will hold at a given temperature, it is a saturated solution and
any excess solute that’s added simply sits at the bottom of the solution. The solubility of a
solute is the amount required to give a saturated solution, usually expressed as grams
dissolved in 100 g of solvent at a given temperature. The temperature must be specified
because solubilities vary with temperature. A solution having less solute than required for
saturation is called an unsaturated solution. It is able to dissolve more solute.

"Liquid water is a typical and very common solvent, but the solvent can actually be in any physical state:
solid, liquid, or gas.
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o Solvent molecule () Solute molecule

Crystal of solute placed A solution. Solute molecules
in the solvent. are dispersed throughout
the solvent.

In most cases, the solubility of a solute increases with temperature, so

more solute can be dissolved by heating a saturated solution in the pres- Dilute

ence of excess solute. If the temperature of such a warm saturated solu-
tion is subsequently lowered, the additional solute should separate from
the solution, and indeed, this tends to happen spontaneously. However,
sometimes the solute doesn’t separate, leaving us with a supersaturated
solution, a solution that actually contains more solute than required for
saturation. Supersaturated solutions are unstable and can only be pre-
pared if there are no traces of undissolved solute. If even a tiny crystal of
the solute is present or is added, the extra solute crystallizes (Figure 5.3).
A solid that forms in a solution is called a precipitate, and a chemical reac-
tion that produces a precipitate is called a precipitation reaction.

Figure 5.1 | Formation of a
solution of iodine molecules in
alcohol. (@) A crystal of iodine, L2,
on its way to the bottom of the
beaker is already beginning to
dissolve, the purplish iodine crystal
forming a reddish brown solution.
In the hugely enlarged view
beneath the photo, we see the
iodine molecules still bound in a
crystal. For simplicity, the solute
and solvent particles are shown as
spheres. (&) Stirring the mixture
helps the iodine molecules to
disperse in the solvent, as illustrated
in the molecular view below the
photo. The solution is commonly
called “tincture of iodine.”
(Richard Megna/Fundamental
Photographs)

Q@ =Solute @ = Solvent

Concentrated

,{</

Figure 5.2 | Dilute and concentrated solutions. The

5 ] 2 | El e Ctr Olyt e S, W e ak dilute solution on the left has fewer solute molecules per

unit volume than the more concentrated solution on the

Electrolytes, and Nonelectrolytes s

Water itself is a very poor electrical conductor because it consists of electrically neutral
molecules that are unable to transport electrical charges. However, as we noted in
Chapter 3, when an ionic compound dissolves in water the resulting solution conducts
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(@)

Figure 5.4 | Electrical conduc-
tivity of solutions. (2) The copper
sulfate solution is a strong
conductor of electricity, so CuSOy
is classified as a strong electrolyte.
(b) Neither sugar nor water is an
electrolyte, so this sugar solution is
a nonconductor. (Michael Watson)

B Solutions of electrolytes conduct
electricity in a way that’s different
from metals. This is discussed more
completely in Chapter 20.

M Ethylene glycol, CoH4(OH),, is a
type of alcohol. Other alcohols, such
as ethanol and methanol, are also
nonelectrolytes.

Figure 5.3 | Crystallization. When a small sced crystal of sodium acetate is added to a supersatu-
rated solution of the compound, excess solute crystallizes rapidly until the solution is just saturated.
The crystallization shown in this sequence took less than 10 seconds! (Andy Washnik)

electricity well. This is illustrated in Figure
5.4a for a solution of copper sulfate, CuSOs.

Solutes such as CuSOs, which yield electrically
conducting aqueous solutions, are called electro-
Iytes. Their ability to conduct electricity suggests the
presence of electrically charged particles that are
able to move within the solution. The generally
accepted reason is that when an ionic compound
dissolves in water, the ions separate from each other
and enter the solution as more or less independent
particles that are surrounded by molecules of the
solvent. This change is called the dissociation (break-
ing apart) of the ionic compound, and is illustrated
in Figure 5.5. In general, we will assume that in
water the dissociation of any salt (a term that applies

o) to any onic compound) is complete and that the solu-

tion contains no undissociated formula units of the
salt. Thus, an aqueous solution of CuSOy is really a solution that contains Cu?* and SO,*~
ions, with virtually no undissociated formula units of CuSOy. Because solutions of ionic
compounds contain so many freely moving ions, they are strong conductors of electricity.
Therefore, salts are said to be strong electrolytes.

Many ionic compounds have low solubilities in water. An example is AgBr, the light-
sensitive compound in most photographic film. Although only a tiny amount of this com-
pound dissolves in water, all of it that does dissolve is completely dissociated. However,
because of the extremely low solubility, the number of ions in the solution is extremely
small and the solution doesn’t conduct electricity well. Nevertheless, it is still convenient to
think of AgBr as a strong electrolyte because it serves to remind us that salts are completely
dissociated in aqueous solution.

Aqueous solutions of most molecular, covalently bonded compounds do not cond