Chemical Reactions and
Reaction Stoichiometry

Have you ever poured vinegar into a vessel containing baking soda? If so,
you know the result is an immediate and effervescent cascade of bubbles.
The bubbles contain carbon dioxide gas that is produced by the chemical
reaction between sodium bicarbonate in the baking soda and acetic acid in

the vinegar.

The bubbles released when baking soda reacts with an acid play an important role in
baking, where the release of gaseous CO, causes the dough in your biscuits or the batter
in your pancakes to rise. An alternative way to produce CO, in cooking is to use yeasts
that rely on chemical reactions to convert sugar into CO,, ethanol, and other organic
compounds. These types of chemical reactions have been used for thousands of years
in the baking of breads as well as in the production of alcoholic beverages like beer and
wine. Chemical reactions that produce CO, are not limited to cooking, though—they
occur in places as diverse as the cells in your body and the engine of your car.

In this chapter we explore some important aspects of chemical reactions. Our
focus will be both on the use of chemical formulas to represent reactions and on the
quantitative information we can obtain about the amounts of substances involved in
those reactions. Stoichiometry (pronounced stoy-key-OM-uh-tree) is the area of study
that examines the quantities of substances consumed and produced in chemical reac-
tions. Stoichiometry (Greek stoicheion, “element,” and metron, “measure”) provides an
essential set of tools widely used in chemistry, including such diverse applications as
measuring ozone concentrations in the atmosphere and assessing different processes
for converting coal into gaseous fuels.

WHAT'’S k.
AHEAD

3.4 AVOGADRO'S NUMBER AND THE MOLE We use chemic:
formulas to relate the masses of substances to the numbers
of atoms, molecules, or ions contained in the substances, a.

» THE TEXTURE AND FLAVORS of bread
and beer are dependent on chemical

reactions that occur when yeasts ferment
sugars to produce carbon dioxide and
ethanol.

3.1 CHEMICAL EQUATIONS We begin by considering how
we can use chemical formuias to write equations representing
chemical reactions.

3.2 SIMPLE PATTERNS OF CHEMICAL REACTIVITY We then
examine some simple chemical reactions: combination reactions,
decomposition reactions, and combustion reactions.

3.3 FORMULA WEIGHTS We see how to obtain quantitative
information from chemical formulas by using formula weights.

relationship that leads to the crucially important concept of the
mole, defined as 6.022 x 10 objects (atoms, molecules,
and so on).

.
3.5 EMPIRICAL FORMULAS FROM ANALYSES We apply the
mole concept to determine chemical formulas from the masses of
each element in a given quantity of a compound.




3.7 LIMITING REACTANTS We recognize that one reactant
may be used up before others in a chemical reaction. This is the
limiting reactant. When this happens the reaction stops, leaving
some excess of the other starting materials.

JANTITATIVE INFORMATION FROM BALANCED
NONS We use the quantitative information inherent in
; femical formulas and equations together with the mole concept
predict the amounts of substances consumed or produced in
Chemical reactions.
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A Figure 3.1 Antoine Lavoisier
(1734-1794). The science career of
Lavoisier, who conducted many important
studies on combustion reactions, was cut
short by the French Revolution. Guillotined
in 1794 during the Reign of Terror, he is
generally considered the father of modern
chemistry because he conducted carefully
controlled experiments and used quantitative
measurements.
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A Figure 3.2 A balanced chemical equation.
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experiment. Upon this principle, the whole al _ n
dcf:ends."' Wifh the advent of Dalton’s atomic theory, chemists came to unders

the basis for this law: Atoms are neither crca.!ed nor destroyed d“’t'}’:gﬂ chemi '7 7
tion. The changes that occur during any reaction merely rearrange the atoms. Th

collection of atoms is present both before and after the reaction.

3.1 | Chemical Equations

chemical equations. When the gas hydrogen

We represent chemical reactions by
: en (O,) in the air to form water (H,0)."

burns, for example, it reacts with oxyg
the chemical equation for this reaction as

2H2+02 et 2H20

We read the + sign as “reacts with” and the arrow as “produces.” The ch
formulas to the left of the arrow represent the starting substances, called reactan!
chemical formulas to the right of the arrow represent substances produced in the
tion, called products. The numbers in front of the formulas, called coefficients, in
the relative numbers of molecules of each kind involved in the reaction. (As in algebr;

equations, the coefficient 1 is usually not written.)
Because atoms are neither created nor destroyed in any reaction, a chemical

tion must have an equal number of atoms of each element on each side of th
When this condition is met, the equation is balanced. On the right side of Equation
for example, there are two molecules of H,O, each composed of two atoms o
gen and one atom of oxygen (4 Figure 3.2). Thus, 2 H,O (read “two molecules
ter”) contains 2 X 2 = 4 Hatoms and 2 X 1 = 2 O atoms. Notice that the numb
atoms is obtained by multiplying each subscript in a chemical formula by the co
for the formula. Because there are four H atoms and two O atoms on each side
equation, the equation is balanced.

I Give It Some Thought

How many atoms of Mg, O, and H are represented by the notation 3 Mg(OH)5?

Balancing Equations

To construct a balanced chemical equation we start by writing the formulas fos
reactants on the left-hand side of the arrow and the products on the right-han
Next we balance the equation by determining the coefficients that provide equal nur
bers of each type of atom on both sides of the equation. For most purposes, a balan
equation should contain the smallest possible whole-number coefficients. 7

In balancing an equation, you need to understand the difference between coeffi
and subscripts. As » Figure 3.3 illustrates, changing a subscript in a formula—from
to H,O,, for example—changes the identity of the substance. The substance H,(
drogen peroxide, is quite different from the substance H,O, water. Never chang
scripts when balancing an equation. In contrast, placing a coefficient in front of a for
changes only the amount of the substance and not its identity. Thus, 2 H,O means
molecules of water, 3 H;O means three molecules of water, and so forth.

To illustrate the process of balancing an equation, consider the reaction that @
when methane (CH,), the principal component of natural gas, burns in air to pro |

*Lavoisier, Antoine. “Elements of Chemistry.” 1790,
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e ——————————

(Cranging coefiicienit - 2 Two molecules water
M amount 3 2H0 q (contain four H atoms
changes 4
. el and two O atoms)
HO - i
| Changing subscript One molecule hydrogen
changes identity ﬂ Hy0, Q peroxide (contains tv%o H
and properties atoms and two O atoms)
fiqure 3.3 The difference between changing subscripts and changing coefficients in
: pemical equations.

carbon dioxide gas (CO;) and water vapor (H,0) (v Figure 3.4). Both products con-
:ﬂ 1+ oxygen atoms that come from O, in the air. Thus, O, is a reactant, and the unbal-

mced equation is
CHy + 0, —> CO, + H,0 (unbalanced) [3.2]

It is usually best to balance first those elements that occur in the fewest chemical for-
qulas in the equation. In our example, C appears in only one reactant (CH,) and one
oduct (CO;). The same is true for H (CH, and H,0). Notice, however, that O appears
51 one reactant (O2) and two products (CO, and H;0). So, let’s begin with C. Because
one molecule of CHy contains the same number of C atoms (one) as one molecule of CO,,
he coefficients for these substances must be the same in the balanced equation. Therefore,
e start by choosing the coefficient 1 (unwritten) for both CH, and CO,,.
Next we focus on H. On the left side of the equation we have CH,, which has four
H atoms, whereas on the right side of the equation we have H,0, containing two H at-
oms. To balance the H atoms in the equation we place the coefficient 2 in front of H,O.
Now there are four H atoms on each side of the equation:

C!‘I‘ + 02 e C02 =42 Hzo (unbalanced) [33]

While the equation is now balanced with respect to hydrogen and carbon, it is not yet
balanced for oxygen. Adding the coefficient 2 in front of O, balances the equation by
giving four O atoms on each side (2 X 21left,2 + 2 X 1 right):

Cl‘h o 202 Er— g COZ o 2 Hzo (balanced) [3.4]

The molecular view of the balanced equation is shown in Figure 3.5.

A GO FIGURE
inthe molecular level views shown in the figure how many C, H, and O atoms are present on the reactant side? Are the same

number of each type of atom present on the product side?

Reactants
— = ]

Products
i

CO, and H,0

|

gy,
e
l \3j4 Mﬂrhane reacts with oxygen in a Bunsen burner.

L_“ : n
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1C4;-l 40 1C,4H, 40
A Figure 3.5 Balanced chemical equation for the combustion of CH,,

g)?nl\ggllég 3.1 Interpreting and Balancing Chemical Equations

ing di i ion in which the red spheres are oxygen atoms
The following diagram represents a chemical reaction in whit ms
and the blue gpheges are nitrogen atoms. (a) Write the chemical forrpulas for the reactan‘u and?
products. (b) Write a balanced equation for the reaction. (c) Is the diagram consistent with the
law of conservation of mass?

“.'
’.‘0.
® 09

SOLUTION

(a) The left box, which represents reactants, contains two kinds of molecules, those composed
of two oxygen atoms (O,) and those composed of one nitrogen atom and one oxygen atom
(NO). The right box, which represents products, contains only one kind of molecule, which
is composed of one nitrogen atom and two oxygen atoms (NO,).

(b) The unbalanced chemical equation is
O, + NO — NO, (unbalanced)

An inventory of atoms on each side of the equation shows that there are one N and three
O on the left side of the arrow and one N and two O on the right. To balance O we must
increase the number of O atoms on the right while keeping the coefficients for NO and NO
equal. Sometimes a trial-and-error approach is required; we need to go back and forth sev-
eral times from one side of an equation to the other, changing coefficients first on one side.
of the equation and then the other until it is balanced. In our present case, let’s start by in-

creasing the number of O atoms on the right side of the equation by placing the coefficient
2in front of NO,:

0; + NO — 2NO, (unbalanced) |
Now the equation gives two N atoms and four O atoms on the right, so we go back to the
left side. Placing the coefficient 2 in front of NO balances both N and O:
0, +2NO — 2 NOZ (balanced)
2N,40 2N,40

(c) The reactants box contains four O, and eight NO. Thus, the molecular ratio is one O, for
each two NO, as required by the balanced equation. The products box contains eight NOz
which means the number of NO, product molecules equals the number of NO reactant
molecules, as the balanced equation requires.

There are eight N atoms in the eight NO molecules in the reactants box. There
are also 4 X 2 = 8 O atoms in the O, molecules and 8 O atoms in the NO molecules,




giving a total of 16 O atoms. In the products box, we find e
contain cight N atoms and 8 X 2 = 160
and O atoms in the two boxes, the dr
of mass.

ight NO, molecules, which
atoms. Because there are equal numbers of N
awing is consistent with the law of conservation

practice Exercise 1

In the following diagram, the white sphe

res represent hydrogen atoms and the blue spheres
represent nitrogen atoms,

N

‘ , @ Q » ?

The two reactants combine to form a single product, ammonia, NH, which is not shown.
Write a balanced chemical equation for the reaction. Based on the equation and the con-

tents of the left (reactants) box, find how many NH, molecules should be shown in the right
(products) box. (a) 2, (b) 3, (c) 4, (d) 6, (e) 9.

Practice Exercise 2

In the following diagram, the white spheres represent hydrogen atoms, the black spheres
carbon atoms, and the red spheres oxygen atoms.

O3 molecules

not shown

L »_c:,

>

In this reaction, there are two reactants, ethylene, Cé)H?; w}}llictl:\ i; §h1<‘)wn, :ﬁtodw(;xy(ic;nwcr)é; -
ch are :
'hich is not shown, and two products, CO; and H,0, oth of whi
I:alanced chemical equation for the reaction. (b) Determine the number of O, molecules that
should be shown in the left (reactants) box.

Indicating the States of Reactants and Products

symbols indicating the physical state of each reactant and product are often sl:gwtn 1:;
chemical equations. We use the symbols (g), (1), (s), and (aq). for substan-cesl ;has
gases, liquids, solids, and dissolved in aqueous (water) solution, respectively. Thus,
£quation 3.4 can be written

CHy(g) + 20,(g) — COy(g) + 2H,0(g) (3.5]

Yometimes symbols that represent the conditions under which the .reaction proceeds
‘Ppear above or below the reaction arrow. One example that we will encounter later
n this chapter involves the symbol A (Greek uppercase delta); a cap delta above the
feaction arrow indicates the addition of heat.

%

SECTION 3.1 Chemical Equations
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SAMPLE T . : ”
EXERCISE 3.2 Balancing Chemical Equations

Balance the equation

SOLUTION Na(s) + H,0(l) — NaOH(aq) + H(g)
Begin by counting each kind of atom on the two sides of the arrow. There
are one Na, one O, and two H on the left side, and one Na, one O, and
three H on the right. The Na and O atoms are balanced, but the number

of H atoms is not. To increase the number of H atoms on the left, let’s try i
placing the coefficient 2 in front of H,O: Na(s) + 2H,0()) — NaOH(aq) + Hy(g)

Although beginning this way does not balance H, it does increase the
number of reactant H atoms, which we need to do. (Also, adding the coef-
ficient 2 on H,O unbalances O, but we will take care of that after we bal-

ance H.) Now that we have 2 H,O on the left, we balance H by putting the
coefficient 2 in front of NaOH: Na(s) + 2H,0()) — 2 NaOH(aq) + H;(g)

Balancing H in this way brings O into balance, but now Na is unbal-
anced, with one Na on the left and two on the right. To rebalance Na,
we put the coefficient 2 in front of the reactant: 2Na(s) + 2H,0(]) — 2NaOH(aq) + H,(g)

We now have two Na atoms, four H atoms, and two O atoms on each side. The equation is balanced.

Comment Notice that we moved back and forth, placing a coefficient in front of H,O, then
NaOH, and finally Na. In balancing equations, we often find ourselves following this pattern

of moving back and forth from one side of the arrow to the other, placing coefficients first in
front of a formula on one side and then in front of a formula on the other side until the equation
is balanced. You can always tell if you have balanced your equation correctly by checking that
the number of atoms of each element is the same on the two sides of the arrow, and that you've
chosen the smallest set of coefficients that balances the equation.

Practice Exercise 1
The unbalanced equation for the reaction between methane and bromine is
__CH,(g) + __Br,(I) — _CBry(s) + __HBr(g)
Once this equation is balanced what is the value of the coefficient in front of bromine Br,?
(a) 1, (b) 2, (c) 3, (d) 4, (e) 6.

Practice Exercise 2

Balance these equations by providing the missing coefficients:

(a) _Fe(s) + _Oy(g) — _Fe;05(s)

(b)__Al(s) + __HCl(aq) — __AlCl3(aq) + _H,(g)

(c) __CaCOs(s) + __HCl(aq) —> __CaCly(aq) + _CO,(g) + _H,0(l)

3.2 | Simple Patterns of
Chemical Reactivity

In this section we examine three types of reactions that we see frequently throughot
chapter: combination reactions, decomposition reactions, and combustion reaction
first reason for examining these reactions is to become better acquainted with chemical
tions and their balanced equations. Our second reason is to consider how we might predict
products of some of these reactions knowing only their reactants. The key to predicting
products formed by a given combination of reactants is recognizing general patterns of chem
cal reactivity. Recognizing a pattern of reactivity for a class of substances gives you a broad

understanding than merely memorizing a large number of unrelated reactions.

Combination and Decomposition Reactions

In combination reactions two or more substances react to form one pr
(» Table 3.1). For example, magnesium metal burns brilliantly in air to prod:

magnesium oxide (» Figure 3.6):

2Mg(s) + 0y(g) — 2MgO(s)
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This reaction is used to produce the bright flame generated by flares and some
fireworks.

A combination reaction between a metal and a nonmetal, as in Equation 3.6,
produces an ionic solid. Recall that the formula of an ionic compound can be
determined from the charges of its ions. <= (Section 2.7) When magnesium reacts
with oxygen, the magnesium loses electrons and forms the magnesium ion, Mg?*.
The oxygen gains electrons and forms the oxide ion, O*~. Thus, the reaction product
is MgO.

You should be able to recognize when a reaction is a combination reaction and to
predict the products when the reactants are a metal and a nonmetal.

Tsble 3.1 Combination and Decomposition Reactions

Combination Reactions

A+B—C ' Two or more reactants combine to form

+0 — CO a single product. Many elements react
CGs) ) 2(8) with one another in this fashion to form
Nz(g) +3 HZ(g) 2 NHS(g) compounds,

Ca0(s) + H0(l) — Ca(OH),(aq)
Decomposition Reactions

C—=> A ! ’ A single reactant breaks apart to form two
2KCIOs(s) » 2KCl(s) + 3 05(g) or more substances. Many compounds react
3

this way when heated.
PHCO,(s) — PbO(s) + CO,(g)
Cu(OH),(s) — CuO(s) + H;0(g)

oL
| The ribbon of magnesium metal is An intense flame is produced The reaction forms MgO,
| surrounded by oxygen gas in the air, as the Mg atoms react with O. a white, ionic solid.
Reactants Products
2 Mg(s) + O,(g) > 2MgO(s)

ire 3.6 Combustion of magnesium metal in air, a combination reaction.

e———— i -
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A Figure 3.7 Decomposition of sodium
azide, NaNs(s), is used to inflate air bags in
automobiles.

————
L Give It Some Thought

When Na and S undergo a combination reaction, what is the chemical formy|a of

the product?
—_—

one substance undergoes a reaction to produce tyg

In a decomposition reaction
. For example, many metal carbonates decompoge

or more other substances (Table 3.1)
to form metal oxides and carbon dioxide when heated:

CaCO;(s) —25 CaO(s) + CO,(g) [37)

Decomposition of CaCOj is an important commercial process. Limeslonfe or seashells,
which are both primarily CaCO;, are heated to prepare Ca0, known as lime or quick-
lime. Tens of millions of tons of CaO is used in the United States each year, in making
glass, in metallurgy where it is used to isolate the metals from their ores, and in stee]

manufacturing where it is used to remove impurities.
The decomposition of sodium azide (NaN;) rapidly releases N,(g), so this reaction

is used to inflate safety air bags in automobiles (« Figure 3.7):
2 NaN,(s) — 2Na(s) + 3Nx(g) (3.8]

The system is designed so that an impact ignites a detonator cap, which in turn causes
NaN; to decompose explosively. A small quantity of NaN; (about 100 g) forms a large

quantity of gas (about 50 L).

SAMPLE i . —
EXERCISE 3.3 Writing Balanced Equations for Combination

and Decomposition Reactions

Write a balanced equation for (a) the combination reaction between lithium metal and fluorine
gas and (b) the decomposition reaction that occurs when solid barium carbonate is heated (two
products form, a solid and a gas).

SOLUTION

(a) With the exception of mercury, all metals are solids at room temperature. Fluorine occurs as
a diatomic molecule. Thus, the reactants are Li(s) and F,(g). The product will be composed
of a metal and a nonmetal, so we expect it to be an ionic solid. Lithium ions have a 1+
charge, Li", whereas fluoride ions have a 1 — charge, F~. Thus, the chemical formula for the
product is LiF. The balanced chemical equation is

2 Li(s) + Fy(g) — 2 LiF(s)

(b) The chemical formula for barium carbonate is BaCO;. As mentioned, many metal carbon-
ates decompose to metal oxides and carbon dioxide when heated. In Equation 3.7, for ex-
ample, CaCOj; decomposes to form CaO and CO,. Thus, we expect BaCO; to decompose to
BaO and CO,. Barium and calcium are both in group 2A in the periodic table, which further
suggests they react in the same way:

BaCOs(s) — BaO(s) + CO,(g)

Practice Exercise 1

Which of the following reactions is the balanced equation that represents the decomposition
reaction that occurs when silver (I) oxide is heated? (a) AgO(s) — Ag(s) + O(g);

(b) 2 AgO(s) — 2 Ag(s) + 0,(g)i (c) Ag,O(s) —> 2 Ag(s) + O(g);

(d) 2Ag,0(s) — 4 Ag(s) +0,(g); () AgO(s) — 2 Ag(s) + Os(g).

Practice Exercise 2

Write a balanced equation for (a) solid mercury (II) sulfide decomposing into its component
elements when heated and (b) aluminum metal combining with oxygen in the air.

-
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combustion Reactions i s

Combustion reactions are rapid reactions that produce a flame. Most combustion A GO FIGURE

reactions we observe involve O, from air as a reactant. Equation 3.5 illustrates a general Does this reaction produce or consume

class of reactions involving the burning, or combustion, of hydrocarbons (compounds thermal energy (heat)?

{hat contain only carbon and hydrogen, such as CH, and C;H,). oo (Section 2.9)
H)-dmcnrbons combusted in air react with O, to form CO, and H,0.* Tl.1e num-

per of molecules of O; required and the number of molecules of CO, ar:d H,0 formed

depend on the composition of the hydrocarbon, which acts as the fuel in the reaction.

For example, the combustion of propane (C;Hg, » Figure 3.8), a gas used for cooking
and home heating, is described by the equation

C3Hg(g) + 50,(g) — 3CO,(g) + 4H,0(g) (3.9]

The state of the water in this reaction, H,0(g) or H0(1), depends on the reaction con-
ditions. Water vapor, HO(g), is formed at high temperature in an open container.
Combustion of oxygen-containing derivatives of hydrocarbons, such as CH,OH,
also produces CO, and H,O. The rule that hydrocarbons and their oxygen-containing
derivatives form CO, and H,0 when they burn in air summarizes the reactions of about
3 million compounds with oxygen. Many substances that our bodies use as energy
sources, such as the sugar glucose (CgH;,05), react with O, to form CO, and H,0. In 4 Figure 3.8 Propane burning in air.
our bodies, however, the reactions take place in a series of intermediate steps that occur L'%u'd. pmpa.?: At ~ttank’ CaHat'hvapo:z;s
at body temperature. These reactions that involve intermediate steps are described as ra\guzfx;e:ew;omaé:);si;n ?:gztpiisn ofr%uﬁqa a:d
oxidation reactions instead of combustion reactions. 0, produces a blue flame.

SAMPLE -
EXERCISE 3.4 Writing Balanced Equations for Combustion Reactions

Write the balanced equation for the reaction that occurs when methanol, CH;0H(!), is burned in air.

gaLUTION multiplying through by 2 removes the fraction and keeps the

When any compound containing C, H, and O is combusted, it reacts equaon;balaassd:

with the O,(g) in air to produce CO,(g) and H,O(g). Thus, the un- 2CH;0H(I) + 30,(g) — 2 CO,(g) + 4H,0(g)
balanced equation is
CH;0H(I) + Oz(g) — CO(g) + H,0(g) Practice Exercise 1
The C atoms are balanced, one on each side of the arrow. Because Write the balanced equation for the reaction that
CH,0H has four H atoms, we place the coefficient 2 in front of H,O occurs when ethylene glycol, C,H;(OH),, burns in air.
to balance the H atoms: (a) C;H4(OH),(1) +5/20,(g) — 2CO,(g) + 3H;0(g)
CH,0H(I) + O,(g) — CO,(g) + 2 H,0(g) (b) 2 C,H,(OH),(1) +50,(g) — 4CO,(g) + 6 H,0(g)

 CroH(l) - St oy () GHy(OH),(1) +3 0() — 2COy(g) + 3 H:0(g)
Adding this coefficient balances H but gives four O atoms in the (d) C,H,(OH),(I) + 50(g) — 2CO,(g) + 3 H,0 (g)
products. Because there are only three O atoms in the reactants, we (e) 4 CHy(OH),(1) + 100,(g) — 8CO,(g) + 12 H,0(g)

are not finished. We can place the coefficient 3 in front of O, to give

i 3 = in50,): g :
four O atoms in the reactants (3 X 2 = 3 Oatoms in3O,) prachite Exercise 2

N
3 -
CH;0H(!) + 30(g) CO,(g) +2 HZQ\(g ) Write the balanced equation for the reaction that occurs when
Although this equation is balanced, it is not in its most conven- ethanol, C;H;OH(!), burns in air.
tional form because it contains a fractional coefficient. However,

3.3 [ Formula Weights

Chemical formulas and chemical equations both have a quantitative significance in that
the subscripts in formulas and the coefficients in equations represent precise quantities.
The formula H,0 indicates that a molecule of this substance (water) contains exactly
“f"O atoms of hydrogen and one atom of oxygen. Similarly, the coefficients in a balanced
chemical equation indicate the relative quantities of reactants and products. But how do
—————

When there is an insufficient quantity of O, present, carbon monoxide (CO) is produced along with CO;;
{isis called incomplete combustion. If the quantity of O, is severely restricted, the fine particles of carbon
we call soot are produced. Complete combustion produces only CO, and H,0. Unless stated to the contrary,
e will always take combustion to mean complete combustion.

.
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s or molecules to the amounts we measure in the labor

If you wanted to react hydrogen and oxygen in exfxctlY th‘énght rattlo to make H,0,
would you make sure the reactants contain a 2:1 ratio of hy roglen a t:)r:ls to oxym

It is not possible to count individual atoms or IT?OIECU es, but we can in
determine their numbers if we know their masses. S0, if we are to calculate amoy
reactants needed to obtain a given amount of product, or otherwise extrapolate
tative information from a chemical equation or formula, we need to know mo

the masses of atoms and molecules.

we relate the numbers of atom

Formula and Molecular Weights

The formula weight (FW) of a substance is the sum of tl'me atc':mic weights (AW) of
atoms in the chemical formula of the substance, Using atomic welgh.tS. we ﬁnd,'for -
that the formula weight of sulfuric acid (H,SOy) is 98.1 amu (atomic mass units):

EW of HySO, = 2(AW of H) + (AW of§) + 4(AW of O)
= 2(1.0amu) + 32.1amu + 4(16.0 amu)

= 98.1 amu

For convenience, we have rounded off the atomic weights to one decimal place, a
tice we will follow in most calculations in this book.
If the chemical formula is the chemical symbol of an element, such as N;
formula weight equals the atomic weight of the element, in this case 23.0 am|
chemical formula is that of a molecule, the formula weight is also called the mole
weight (MW). The molecular weight of glucose (C¢H, ,0¢), for example, is

MW of CgH,0g = 6(12.0 amu) + 12(1.0amu) + 6(16.0amu) = 180.0 amu

Because ionic substances exist as three-dimensional arrays of ions (see Figur
it is inappropriate to speak of molecules of these substances. Instead we use the e
formula as the formula unit, and the formula weight of an ionic substance'is dete
by summing the atomic weights of the atoms in the empirical formula. For ex
the formula unit of CaCl, consists of one Ca’* ion and two CI” ions. Thus, the fo
weight of CaCl, is

FW of CaCl, = 40.1 amu + 2(35.5amu) = 111.1 amu

SAMPLE | —
EXERCISE 3.5 Calculating Formula Weights

Calculate the formula weight of (a) sucrose, C;,H;,0, (table sugar); and (b) calcium ni
Ca(NO;)z'

SOLUTION

(a) By adding the atomic weights of theatoms 12 Catoms = 12(12.0amu) = 144.(
;I; ;L‘l)c;?;i,. we find the formula weight to be 22 H atoms = 22(1.0amu) = 22

i
11 Oatoms = 11(16.0 amu) = 34

(b) Ifachemical formuja has parentheses, 1Caatom = 1(40.1 amu) = 40.1
the subscript outside the parentheses is a e = o
multiplier for all atoms inside. Thus, for 2Natoms =2 ELESEE 2,8 o

96.!
Ca(NOJ)z we have 6 O atoms = 6(16.0 amu) — lﬁl

Practice Exercise 1 2
Which of the following is the correct formula weight for calcium phosphate? (a) 3
(b) 135.1 amu, (c) 182.2 amu, (d) 278.2 amu, (e) 175.1 amu,

Practice Exercise 2

Calculate the formula weight of (a) Al(OH),, (b) CH;0H, and (c) TaON.
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percentage Composition from Chemical Formulas

Chemists must sometimes calculate the percentage composition of a compound—that is,
the percentage by mass contributed by each element in the substance. Forensic chem-
ists, for example, can measure the percentage composition of an unknown powder and
compare it with the percentage compositions of suspected substances (for example,
sugar, salt, or cocaine) to identify the powder.

Calculating the percentage composition of any element in a substance (sometimes
called the elemental composition of a substance) is straightforward if the chemical for-
mula is known. The calculation depends on the formula weight of the substance, the
atomic weight of the element of interest, and the number of atoms of that element in
the chemical formula:

(number of atoms) atomic weight
of element of element

% composition of element = -
formula weight of substance

X 100% [3.10]

SAMPLE - ' v
EXERCISE 3.6 Calculating Percentage Composition

Calculate the percentage of carbon, hydrogen, and oxygen (by mass) in C;,H,,0;,.

SOLUTION

Let's examine this question using the problem-solving steps in the accompanying “Strategies in
Chemistry: Problem Solving” essay.

Analyze We are given a chemical formula and asked to calculate the percentage by mass of each
element.

Plan We use Equation 3.10, obtaining our atomic weights from a periodic table. We know the
denominator in Equation 3.10, the formula weight of C;,H,,0y;, from Sample Exercise 3.5. We
must use that value in three calculations, one for each element.

Solve
(12)(12.0 amu)
= ———= X 100% = 42.1%
342.0 amu
Lol L) S
T 342.0amu i
11}(16.0 amu
= _(_,.)(—_l X 100% = 51.5%
342.0 amu

Check Our calculated percentages must add up to 100%, which they do. We could have used
more significant figures for our atomic weights, giving more significant figures for our percent-
age composition, but we have adhered to our suggested guideline of rounding atomic weights
to one digit beyond the decimal point.

Practice Exercise 1

What is the percentage of nitrogen, by mass, in calcium nitrate? (a) 8.54%, (b) 17.1%,
(€) 13.7%, (d) 24.4%, (e) 82.9%.

Practice Exercise 2

Calculate the percentage of potassium, by mass, in K,PtClg.

34| Avogadro’s Number and the Mole

E‘t‘cn the smallest samples we deal with in the laboratory contain enormous numbers
ol atoms, ions, or molecules. For example, a teaspoon of water (about 5 mL) contains
2 X 1023 i i

= % 10% water molecules, a number so large it almost defies comprehension. Chem-

»1s therefore have devised a counting unit for describing large numbers of atoms or
molecules,

91
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v Strategies in Chemistry

Problem Solving

Practice is the key to success in solving problems. As you practice, you
can improve your skills by following these steps:

1. Analyze the problem. Read the problem carefully. What does it
say? Draw a picture or diagram that will help you to visualize the
problem. Write down both the data you are given and the quan-
tity you need to obtain (the unknown).

2. Develop a plan for solving the problem. Consider a possible
path between the given information and the unknown. What
principles or equations relate the known data to the unknown?
Recognize that some data may not be given explicitly in the

CHAPTER 3 Chemical Reactions and Reaction Stoichiometry

problem; you may be expected to know‘certain quantities |
as Avogadro’s number) or look them up in ta'bles (such asa
weights). Recognize also that your plan may involve eith;
gle step or a series of steps with intermediate answers,

3. Solve the problem. Use the known information and suj
equations or relationships to solve for the unknf)wn. Dimens
analysis <02 (Section 1.6) is a useful tool for solvn-ng a great nuy
of problems. Be careful with significant figures, signs, and un

4. Check the solution. Read the problem again to make sure yo
found all the solutions asked for in the problem. Does your an
make sense? That is, is the answer outrageously large or small
in the ballpark? Finally, are the units and significant figures co

In everyday life we use such familiar counting units as dozen (12 objects) and g

(144 objects). In chemistry the counting unit for numbers of atoms, ions, or molecul
a laboratory-size sample is the mole, abbreviated mol. One mole is the amount o
ter that contains as many objects (atoms, molecules, or whatever other objects we
considering) as the number of atoms in exactly 12 g of isotopically pure '*C. From
periments, scientists have determined this number to be 6.02214129 X 10, whic
usually round to 6.02 X 10>, Scientists call this value Avogadro’s number, Ny, in he
of the Italian scientist Amedeo Avogadro (1776-1856), and it is often cited With;

of reciprocal moles, 6.02 X 10” mol '.* The unit (read as either “inverse mole
mole”) reminds us that there are 6.02 X 10% objects per one mole. A mole of ator
mole of molecules, or a mole of anything else all contain Avogadro’s number of ob

1 mol >C atoms = 6.02 X 10* '*C atoms
1 mol H,O molecules = 6.02 X 10% H,0 molecules
1 mol NO; ions = 6.02 X 10 NO; ions

Avogadros number is so large that it is difficult to imagine. Spreading 6.02 X 10%n
over Earth's surface would produce a layer about 3 miles thick. Avogadro’s number
nies placed side by side in a straight line would encircle Earth 300 trillion (3 X 10')

SAMPLE _ [——
EXERCISE 3.7 Estimating Numbers of Atoms

Without using a calculator, arrange these samples in order of increasing numbers of carbon

atoms: 12 g "’C, 1 mol C,H,, 9 X 10 molecules of CO,.

SOLUTION

Analyze We are given amounts of three substances expressed in
grams, moles, and number of molecules and asked to arrange the
samples in order of increasing numbers of C atoms.

Plan To determine the number of C atoms in each sample, we must
convert 12 g '2C, 1 mol C;H,, and 9 X 10* molecules CO, to num-
bers of C atoms. To make these conversions, we use the definition of
mole and Avogadro’s number.

Solve One mole is defined as the amount of matter that contains as
many units of the matter as there are C atoms in exactly 12 8 of 2C.
Thus, 12 g of 2C contains 1 mol of C atoms = 6.02 X 10% C atoms.
One mol of C,H, contains 6.02 X 10% C,H, molecules. Because
there are two C atoms in each molecule, this sample contains

12.04 X 10* C atoms. Because each CO, molecule contains one

C atom, the CO, sample contains 9 X 10 C atoms. Hence, the
order is 12 g "2C (6 X 10 Catoms) < 9 X 10* CO, molecules

(9 % 10 Catoms) < 1 mol C;H, (12 X 10” Catoms).

Check We can check our results by comparing numbers of mi
C atoms in the samples because the number of moles is proporti
to the number of atoms. Thus, 12 g of '2C is 1 mol C, 1 mol of C
contains 2 mol C, and 9 X 10% molecules of CO, contain 1.5 m
giving the same order as stated previously.

Practice Exercise 1
Determine which of the following samples contains the fe
sodium atoms? (a) 1 mol sodium oxide, (b) 45 g sodium fluo
(c) 50 g sodium chloride, (d) 1 mol sodium nitrate?

Practice Exercise 2

Without using a calculator, arrange these samples in order
of increasing numbers of O atoms: 1 mol H,0, 1 mol CO,,
3 X 10* molecules of O;.

*Avogadro's number is also referred to as the Avogadro constant. The latter term is the name ado|
agencies such as the National Institute of Standards and Technology (NIST), but Avogadro’s num
mains in widespread usage and is used in most places in this book.
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SAMPLE 4 . — .
EXERCISE 3.8 Converting Moles to Number of Atoms

Calculate the number of H atoms in 0.350 mol of C¢H;,04.
SOLUTION

Analyze We are given the amount of a substance (0.350 mol) and its chemical formula CsH;,0¢.
The unknown is the number of H atoms in the sample.

Plan Avogadros number provides the conversion factor between number of moles of CeH 1,06
and number of molecules of C¢H;,04: 1 mol CgH,,0¢ = 6.02 X 10** molecules of CgH,,04.
Once we know the number of molecules of CgH,,0, we can use the chemical formula, which
tells us that each molecule of C¢H,,04 contains 12 H atoms. Thus, we convert moles of CeH 504
to molecules of CgH,;,0¢ and then determine the number of atoms of H from the number of
molecules of C¢H;,04¢:

Moles C¢H,,04 —> molecules CH,,04 — atoms H

Solve
6.02 X 10 molecules €;H;0; 12 H atoms
Hatoms = (0.350 mol ﬁ( . 6)( )
atoms = ( Ceti20%) 1 mol GH;0; 1 molecule €.H;0;

2.53 X 10* H atoms

Check We can do a ballpark calculation, figuring that 0.35(6 X 10%) isabout 2 X 10* mole-

cules of C4H 0. We know that each one of these molecules contains 12 H atoms. 12(2 % 10%)

gives 24 X 10 = 2.4 X 10** H atoms, which is close to our result. Because we were asked for

the number of H atoms, the units of our answer are correct. We check, too, for significant figures.

The given data had three significant figures, as does our answer. 2=

Practice Exercise 1 A& GO FIGURE

How many sulfur atoms are in (a) 0.45 mol BaSO, and (b) 1.10 mol of aluminum sulfide? How many H,0 molecules are in a
9.00-g sample of water?
Practice Exercise 2

How many oxygen atoms are in (a) 0.25 mol Ca(NO,), and (b) 1.50 mol of sodium Rigele molecule

carbonate?
- -
1 molecule H,O

Molar Mass (18.0 amu)

A dozen is the same number, 12, whether we have a dozen eggs or a dozen elephants.

Clearly, however, a d d t have the same mass as a dozen elephants. Simi- S YOR#fes number of water
| ¥ s AC0LDEREE NS DOV I 23 I3 ¥ molecules in a mole of water.
arly, a mole is always the same number (6.02 X 10%), but 1-mol samples of different

;klbstances have different masses. Compare, for example, 1 mol of 12C and 1 mol of

Mg. A single '>C atom has a mass of 12 amu, whereas a single **Mg atom is twice as Laboratory-size
Massive, 24 amu (to two significant figures). Because a mole of anything always con- sample
tains the same number of particles, a mole of 2’Mg must be twice as massive as a mole
of 2C. Because a mole of '2C has a mass of 12 g (by definition), a mole of **Mg must
have a mass of 24 g. This example illustrates a general rule relating the mass of an atom
to the masg of Avogadro’s number (1 mol) of these atoms: The atomic weight of an ele-
Ment in atomic mass units is numerically equal to the mass in grams of 1 mol of that ele-
Ment. For example (the symbol = means therefore)

Cl has an atomic weight of 35.5 amu = 1 mol Cl has a mass of 35.5 g. - {rl\glol—ég)o

Au has an atomic weight of 197 amu = 1 mol Au has a mass of 197 g. A Figure 3.9 Comparing the mass of

For o : n . . : ; 1 molecule and 1 mol of H,0. Both masses
ther kinds of substances, the same numerical relationship exists between o the sl e S e o

mula weight and mass of 1 mol of a substance: (atomic mass units and grams). Expressing
both masses in grams indicates their huge
difference: 1 molecule of H,0 has a mass of
2.99 x 1072 g, whereas 1 mol H,0 has a
mass of 18.0 g.

H,0 has a formula weight of 18.0 amu = 1 mol H,O hasamass of 18.0 g
* Figure 3.9).

NaClhas a formula weight of 58.5 amu = 1 mol NaCl has a mass of 58.5 g.

B
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Y S,
A Give It Some Thought

f water (H20) or a mole of glucose (
; more mass, a mole 0
::; w::z: :?:nains more molecules, a mole of water or a mole of glucose

¢ mole, often abbreviated as 1 mol, of a substance (4

The mass in grams of on lar mass of the substance, The mo

the mass in grams per mole) is called the mo

in grams per mole of any substance is numerically equal to its formula weight ;

mass units. For NaCl, for example, the formula weight is 58.5 amt}:l and Ehe
is 58.5 g/mol. Mole relationships for several other substances all')e shownin v T,
and ¥ Figure 3.10 shows 1 mol quantities of thr.ee common su stances, r
The entries in Table 3.2 for N and N, point out the importance of sta
chemical form of a substance when using the mqle concept..Sup'pose you r
1 mol of nitrogen is produced in a particular reaction. You m_lght interpret t
ment to mean 1 mol of nitrogen atoms (14.0 g). Unless otherwise stated, howeyer.
is probably meant is 1 mol of nitrogen molecules, N, (28.0 g), because N, is the

—— - T —
Table 3.2 Mole Relationships
Name of Formula Molar Mass Nun:nber :_md Kind of
Substance Formula Weight (amu) (g/mol) Particles in One Mo!e 5
Atomic nitrogen N 14.0 14.0 6.02 X 102’Njar¢ s
) 6.02 X 10* N, molecules
Molecular nitrogen N, 28.0 28.0 2602 X 10) Natonsl
Silver Ag 107.9 107.9 6.02 X 10* Ag atoms
Silver ions Ag* 107.9° 107.9 6.02 X 10* Ag*ions
| 6.02 X 10% BaCl, formu
Barium chloride BaCl, 208.2 208.2 6.02 X 10* Ba** ions

2(6.02 x 10®) cI

“Recall that the mass of an electron is more than 1800 times smaller than the masses of the proton and the neutron; thus, ions and a

essentially the same mass.

B ool S ————— e

1 mol O,(g) has a mass of 3208 |

1 mol HyO(!) has a mass of 18.

A P‘igure 3.10 One mole each of a solid (NaCl), a liquid (Ha0),
mass in grams qf 1 mol—that is, the molar mass—is numerically
atomic mass units. Each of these samples contains 6.02 x 102 formula units.
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common chemical fnn'n of the element. To avoid ambiguity, it is important to state
explicitly the chemical form being discussed. Using the chemical formula—N or N,, for
instance—avoids ambiguity,
SAMPL E 3
EXERCISE 3.9 Calculating Molar Mass
What is the molar mass of glucose, CeH ;042
SOLUTION
Analyze We are given a chemical formula and asked to determine its molar mass.
plan Because the molar mass of any substance is numerically equal to its formula weight, we first
determine the for_mula wmght of glucose by adding the atomic weights of its component atoms. The
formula weight will have units of amu, whereas the molar mass has units of grams per mole (g/mol).
solve Our first step is to determine the formula weight of glucose:
6 Catoms = 6(12.0amu) = 72.0amu
12 Hatoms = 12(1.0amu) = 12.0amu
6 O atoms = 6(16.0amu) = 96.0amu
180.0 amu
Because glucose has a formula weight of 180.0 amu, 1 mol of this substance (6.02 X 10 molecules)
has a mass of 180.0 g. In other words, CsH,,04 has a molar mass of 180.0 g/mol.
check A molar mass below 250 seems reasonable based on the earlier examples we have encoun-
tered, and grams per mole is the appropriate unit for the molar mass.
Practice Exercise 1
A sample of an ionic compound containing iron and chlorine is analyzed and found to have a
molar mass of 126.8 g/mol. What is the charge of the iron in this compound? (a) 1+, (b) 2+,
(c) 3+, (d) 4+.
Practice Exercise 2
Calculate the molar mass of Ca(NO3),.
IR T
emistry and Life
o ; . '
. Glucose Monitormg (¥ Figure 3.11). The mechanism of the readout varies from one
monitor to another—it may be a measurement of a small electrical
Our body converts most of the food we eat into glucose. After diges- current or measurement of light produced in a chemical reaction.
tion, glucose is delivered to cells via the blood. Cells need glucose to Depending on the reading on any given day, a diabetic person may
live, and the hormone insulin must be present in order for glucose to need to receive an injection of insulin or simply limit his or her

enter the cells. Normally, the body adjusts the concentration of insulin intake of sugar-rich foods for a while.
automatically, in concert with the glucose concentration after eating.
However, in a diabetic person, either little or no insulin is produced
(Type 1 diabetes) or insulin is produced but the cells cannot take it up -
properly (Type 2 diabetes). In either case the blood glucose levels are
higher than they are in a normal person, typically 70-120 mg/dL. A
person who has not eaten for 8 hours or more is diagnosed as diabetic
ithis or her glucose level is 126 mg/dL or higher.

Glucose meters work by the introduction of blood from a per-
‘on, usually by a prick of the finger, onto a small strip of paper that
contains chemicals that react with glucose. Insertion of the strip
Mo a small battery-operated reader gives the glucose concentration A Figure 3.11 Glucose meter.

Interconverting Masses and Moles

Conversions of mass to moles and of moles to mass are frequently encountered in cal-

Culations using the mole concept. These calculations are simplified using dimensional
analy, A . 4
1aysis == (Section 1.6), as shown in Sample Exercises 3.10 and 3.11.
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PLE — — g
g:?zhgmsa 3.10 Converting Grams 0 Mole
of glucose ( C.H306) in 5,380 g of CgH,,04

Calculate the number of moles
SOLUTION

Analyze We are given the number of grams of a subst
calculate the number of moles. !
Plan The molar mass of a substance provides the faclqr for ;onvemng grams to m
molar mass of C4H,,04 is 180.0 g/mol (Sample Exercise 3.9). -
Solve Using | mol C4H;05 = 180.0 g CeHix0y to write the appropriate conversion f

- 1 mol Coleoﬁ
Moles C4H ;05 = (5.380 2 CsHi306) —"—f“__l 800 g CeHiz0%

ance and its chemical formula

) = 0.02989 mol C,

the molar mass, an answer less than 1 mol is reaso

Check Because 5.380 g is less thana! ats had four significant figures, 5o our answer b

unit mol is appropriate. The origin
significant figures.

Practice Exercise 1
How many moles of sodium bicarbonate (NaHCO;) are in 508 g of NaHCO,?

Practice Exercise 2 .
How many moles of water are in 1.00 L of water, whose density is 1.00 g/mL?

SAMPLE — :
EXERCISE 3.11 Converting Moles to Grams

Calculate the mass, in grams, of 0.433 mol of calcium nitrate.

SOLUTION

Analyze We are given the number of moles and the name of a substance and asked to
the number of grams in the substance.

Plan To convert moles to grams, we need the molar mass, which we can calculate usi
chemical formula and atomic weights.

Solve Because the calcium ion is Ca** and the nitrate ion is NOj ", the chemical form
calcium nitrate is Ca(NO, ),. Adding the atomic weights of the elements in the con

a formula weight of 164.1 amu. Using 1 mol Ca(NO;), = 164.1 g Ca(NO;), to write
priate conversion factor, we have ' ]

Grams Ca(NO,), = (0.433 mwm(l:m_ga(_rio%),) = 71.1gCal
MG'(NOJ 2

Check The number of moles is less than 1, so the number of grams must be less than
mass, 164.1 g. Using rounded numbers to estimate, we have 0.5 X 150 = 75 g, whi

magnitude of our answer is reasonable. Both the units (g) and the number of significant
(3) are correct.

Practice Exercise 1
What is the mass, in grams, of (a) 6.33 mol of NaHCO, and (b) 3.0 X 10™* mol ¢
Practice Exercise 2

What is the mass, in grams, of (a) 0.50 mol of diamond (C) and (b) 0.155 mol of:
chloride?

Interconverting Masses and Numbers of Particles

The mole concept provides the bridge between mass and number of particles.
trate how this bridge works, let’s calculate the number of copper atoms in an

penny. Such a penny has a mass of about 3 g, and for this illustration we will
is 100% copper:
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A GO FIGURE

What number would you use to convert (a) moles of CH,4 to grams of CH, and (b) number of molecules of CH, to moles
Of CH4?

Use Use
Grams %ﬂ— molar ——p Moles Avogadro’s = Formula units l
_ mass number S

A Figure 3.12 Procedure for interconverting mass and number of formula units. The number of moles
of the substance is central to the calculation. Thus, the mole concept can be thought of as the bridge
petween the mass of a sample in grams and the number of formula units contained in the sample.

1 melCu \/6.02 X 10* Cuat
Cuatoms = (3 g—eﬁ)(63 53»66)( lmel*C;a oms)

= 3 X 10**Cu atoms

We have rounded our answer to one significant figure because we used only one signif-
icant figure for the mass of the penny. Notice how dimensional analysis provides a straight-
forward route from grams to numbers of atoms. The molar mass and Avogadro’s number
are used as conversion factors to convert grams to moles and then moles to atoms. Notice
also that our answer is a very large number. Any time you calculate the number of atoms,
molecules, or ions in an ordinary sample of matter, you can expect the answer to be very
large. In contrast, the number of moles in a sample will usually be small, often less than 1.

The general procedure for interconverting mass and number of formula units
(atoms, molecules, ions, or whatever else is represented by the chemical formula) is
summarized in A Figure 3.12.

SAMPLE

EXERCISE 3.12 Calculating Numbers of Molecules
and Atoms from Mass

(2) How many glucose molecules are in 5.23 g of CgH;,04?
(b) How many oxygen atoms are in this sample?

SOLUTION

Analyze We are given the number of grams and the chemical formula of a substance and asked
to calculate (a) the number of molecules and (b) the number of O atoms in the substance.

Plan (a) The strategy for determining the number of molecules in a given quantity of a substance
is suminarized in Figure 3,12, We must convert 5.23 g to moles of CgH,,05 and then convert
moles to molecules of CgH;,Op. The first conversion uses the molar mass of CgH;,0¢, 180.0 g,
and the second conversion uses Avogadro’s number.

Solve Molecules CgH,,05

1 molCzH;;0; )(6.02 X 10% molecules CQHHOG)
180.0 g CsHis0; 1 mol G0,

1.75 X 10% molecules C4H,,04

(5.23 W)(

Il

C“;p:&. Bcc?use the mass we began with is less than a mole, there should be fewer than

602 %10 molecules in the sample, which means the magnitude of our answer is reasonable.
A bullpark estimate of the answer comes reasonably close to the answer we derived in this exer-
€5¢5/200 = 2,5 X 1072 mol; (2.5 X 1073)(6 X 102) = 15 X 10*' = 1.5 X 10* molecules.
The units (molecules) and the number of significant figures (three) are appropriate.

P lan ( Y : . -
:,, *[ 1(b) To determine the number of O atoms, we use the fact that there are six O atoms in each
. "11:0¢ molecule. Thus, multiplying the number of molecules we calculated in (a) by the factor

oms O/1 molecule CgH,,04) gives the number of O atoms.

6atoms O

(1.75 X mnmnheulu-egﬂﬁog)(——-——)

Atoms O o
molecute €C;H;0g

1.05 X 10" atoms O
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the answer to part (a), exactly what it should b e, Th

\ er is six times as large as
Check The answer is six tin B° | the units (atoms O) are correct.

number of significant figures (three) and

Practice Exercise 1
How many chlorine atoms are in 12.2 g of CCly? (a) 4.77 X 102, (b) 7.34 X 10%,

(c) 1.91 X 10%, (d) 2.07 X 107

Practice Exercise 2 3
(a) How many nitric acid molecules are in 4.20 g of HNO;?
(b) How many O atoms are in this sample?

3.5 | Empirical Formulas
from Analyses

As we learned in Section 2.6, the empirical formula for a substance tells us the r
number of atoms of each element in the substance. The empirical formula H,
that water contains two H atoms for each O atom. This ratio also applies on the
level: 1 mol of H,O contains 2 mol of H atoms and 1 mol of O atoms. Convers
ratio of the numbers of moles of all elements in a compound gives the subscri
compound’s empirical formula. Thus, the mole concept provides a way of calci
empirical formulas.
Mercury and chlorine, for example, combine to form a compound that s

to be 74.0% mercury and 26.0% chlorine by mass. Thus, if we had a 100.0-g
the compound, it would contain 74.0 g of mercury and 26.0 g of chlorin
of any size can be used in problems of this type, but we will generally use 1
simplify the calculation of mass from percentage.) Using atomic weights to
masses, we can calculate the number of moles of each element in the sample:

74.0 (1m01Hg)_0369 | H
(TAOBHEN Sonsqug) — 0257 o HE
1 mol Cl
(26.0 g€I) (m) = 0.732 mol Cl
We then divide the larger number of moles by the smaller number to obtain t

mole ratio:

moles of CI _ 0.732molCl _ 1.98 mol Cl
molesof Hg  0.369 mol Hg 1 mol Hg

Because of experimental errors, calculated values for a mole ratio may not
numbers, as in the calculation here. The number 1.98 is very close to 2, how:
so we can confidently conclude that the empirical formula for the compound is Hj
The empirical formula is correct because its subscripts are the smallest inte
express the ratio of atoms present in the compound. === (Section 2.6)
The general procedure for determining empirical formulas is outli
¥ Figure 3.13.

Given:

o 8 Assume Use !
eﬁ:i’nfs ’ T ea(c;l:ael:;sngnt ’ Ly ea!c\;l\oelfesr:ignt i'_’ n(i;i‘;tl:;z 1 :
e sample e~ mass L& ey

L — il IL
I | 1
o

A Figure 3.13 Procedure for calculating an empirical formula from percentage composition.
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L (;‘.ive It Some Thought

Could the empirical formula determined from chemical analysis be used t
the difference between acetylene, C,H,, and benzene, csuags o

MPLE s
g,‘:}gRCISE 3.13 Calculating an Empirical Formula

«orbic acid (vitamin C) contains 40.92% C, 4.58% H, and 54.50% O i
:,,F:m'cal formula of ascorbic acid? by mass. What is the
€
soLUTlON
Analyze We are to determine the empirical formula of a compound from the mass percentages of
jts elements.
plan The strategy for determining the empirical formula involves the three steps given in
Figure 3.13.

Solve .
(1) For slmplii;ly we assume we have exactly 100 g of material, although any other mass could
also be used.

| Assume .
Mass% Lo 100-g = Grams of Use Moles of Calculate Empirical
Jlements | 8 each element molar — helement Sl vt < L
o J sample ASE each elemen mole ratio ormula

I 100.00 g of ascorbic acid we have 40.92 g C, 4.58 g H, and 54.50 g O.
(2) Next we calculate the number of moles of each element. We use atomic masses with four
significant figures to match the precision of our experimental masses.

Assume Use e
Ma ss ,;:' 1005 —> eag:'ae!;;x)efn ! e ch;l.lolles of Ca:cu late Empirical
clements sample 24 e each element mole ratio formula
1 mol C
lesC = .92 e | R
Moles (40 g—C)( S on 3.407 mol C

1 mol C
Moles H = (4.58 w)(l.OOS ) = 4.54 mol H
k. 1 mol O ) B
Moles O = (54.50 gﬂ)(—m-m = 3.406 mol O

(3) We determine the simplest whole-number ratio of moles by dividing each number of moles
by the smallest number of moles.

Use

Assume ‘ ks
Mass 9 Gramsof | Moles of Calculate Empirical
—_ - — —
lements 100-g each element molaf each element mole ratio formula
sample . mass R
3.407 4.54 3.406
C:——==1.000  H:—— ="1.338 Oi=——="1= 1,000
3.406 Sk 3.406 3.406

The ratio for H is too far from 1 to attribute the difference to experimental error; in fact, it is
quie close to 13, This suggests we should multiply the ratios by 3 to obtain whole numbers:

C:H:0= (3 X 1:3 X 1.33:3 X 1) = (3:4:3)

Thus, the empirical formula is C;H,O;.
Check g

s reassuring that the subscripts are moderate-size whole numbers. Also,
; the percentage composition of C;H,0; gives values very close to the
o™il percentages,

¥
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Practice Exercise 1 ¥ T £ ‘
A 2.144-g sample of phosgene, a compound used as a chemical warfare agent during
War 1, coﬁmmf 0.260pg of carbon, 0.347 g of oxygen, and 1.537 g of chlorine. Wha

empirical formula of this substance? (a) CO;Cle. (b) COCly, (€) Co.0220002:Cly ggqs (dl

Practice Exercise 2

A 5.325-g sample of methyl benzoate,
contains 3.758 g of carbon, 0.316 g of hydrogen,
formula of this substance?

a compound used in the manufacture of perf
and 1.251 g of oxygen. What is the

Molecular Formulas from Empirical Formulas

! We can obtain the molecular formula for any compound from its empirical for
if we know either the molecular weight or the molar mass of the compound. Tj
scripts in the molecular formula of a substance are always .whole-.number mul
the subscripts in its empirical formula. o= (Section 2.6) Th.ls multiple can be
dividing the molecular weight by the empirical formula weight:

molecular weight

Wholeanmbecmmuitiic empirical formula weight

In Sample Exercise 3.13, for example, the empirical formula of ascorbic acid w
termined to be C;H,0;. This means the empirical formula weight is 3(12
4(1.0amu) + 3(16.0amu) = 88.0 amu. The experimentally determined mq
weight is 176 amu. Thus, we find the whole-number multiple that converts the ey
cal formula to the molecular formula by dividing

molecular weight __ 176 amu
empirical formula weight ~ 88.0amu

Whole-number multiple =

Consequently, we multiply the subscripts in the empirical formula by this multi
ing the molecular formula: CgHgOy.

SAMPLE rE— " R —
EXERCISE 3.14 Determining a Molecular Formula

Mesitylene, a hydrocarbon found in crude oil, has an empirical formula of C;H, and an
mentally determined molecular weight of 121 amu. What is its molecular formula?

SOLUTION

Analyze We are given an empirical formula and a molecular weight of a compound and
determine its molecular formula.

Plan The subscripts in a compound’s molecular formula are whole-number multiples of the st
scripts in its empirical formula. We find the appropriate multiple by using Equation 3.11

Solve The formula weight of the empirical formula C;Hy is
3(12.0amu)+4(1.0amu) = 40.0 amu
Next, we use this value in Equation 3.11:

molecular weight 121
empirical formula weight 400

Whole-number multiple = =3.03

Only whole-number ratios make physical sense because molecules contain whole atoms,
3.03 in this case could result from a small experimental error in the molecular weight. We
fore multiply each subscript in the empirical formula by 3 to give the molecular formula:

Check We can have confidence in the result because dividing molecular weight by empirif
mula weight yields nearly a whole number.

Practice Exercise 1

Cyclohexane, a commonly used organic solvent, is 85.6% C and 14.4% H by mass with a molz
of 84.2 g /mol. What s its molecular formula? (a) C¢H, (b) CH,, (c) CsHay, (d) CeH, 2, (€) C
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practice Exercise 2

Ethylene glycol, used in automobile antifreeze, is 38.7% C, 9.7% H, and 51.6% O by mass. Its

molar mass is 62.1 g/mol. (a) What is the empirical formula of ethylene glycol? (b) What is its
molecular formula?

Sample combusted, H;0 and CO, are trapped
producing CO; and H;O in separate absorbers

L/";?’- ‘ b

H20 absorber Cbz absorber

Furnace

CO, or H,O produced

Mass gained by each absorber corresponds to mass 01

A Figure 3.14 Apparatus for combustion analysis.

Combustion Analysis

One technique for determining empirical formulas in the laboratory is combus-
tion analysis, commonly used for compounds containing principally carbon and
hydrogen.

* When a compound containing carbon and hydrogen is completely combusted in
an apparatus such as that shown in A Figure 3.14, the carbon is converted to CO, and
the hydrogen is converted to H,O. oo (Section 3.2) The amounts of CO, and H,0
produced are determined by measuring the mass increase in the CO, and H,O absorb-
ers. From the masses of CO, and H,O we can calculate the number of moles of C and
H in the original sample and thereby the empirical formula. If a third element is present
in the compound, its mass can be determined by subtracting the measured masses of C
and H from the original sample mass.

" — =

SAMPLE — ‘ I ——
EXERCISE 3.15 Determining an Empirical Formula
by Combustion Analysis

lsopropyl alcohol, sold as rubbing alcohol, is composed of C, H, and O. Combustiop-of 0.255 g of
isopropyl alcohol produces 0.561 g of CO; and 0.306 g of H,O. Determine the empirical formula
ofisopropyl alcohol.

SOLUTION

Anzlyze We are told that isopropyl alcohol contains C, H, and O atoms and are given the quan-
tilies of CO, and H,0 produced when a given quantity of the alcohol is combusted. We must
determine the empirical formula for isopropyl alcohol, a task that requires us to calculate the
number of moles of C, H, and O in the sample.

Plan We can use the mole concept to calculate grams of C in the CO, and grams of H in the H,0—
e masses of C and H in the alcohol before combustion. The mass of O in the compound equals
the mass of the original sample minus the sum of the C and H masses. Once we have the C, H, and
O masses, we can proceed s in Sample Exercise 3.13,

Solve Because all of the carbon in the sample is converted to CO,, we can use dimensional

analysis and the following steps to calculate the mass C in the sample.

£
Mass C Molar 1C atom } Molar Mass C in 5
Mass CO Moles CO, | Moles of C
. = mass CO, —» 2 — per COz—D ol 1 e mass C original sample
produce
uced 140g/m 2 rproducecl ] molecule O 2P € 12.0 g/mol DEE SRS

..
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i i fCis
Using the values given in this example, the mass 0
' (1 mol€0, ( 1 molC )(12.050)
Grams C = (0.561 3(302)(———-—‘44'0 2C0; L mol€0; /\ 1 motC

=0.153gC

Because all of the hydrogen in the sample is conve ) mer
and the following steps to calculate the mass H in the sample. We use three significan

the atomic mass of H to match the significant figures in the mass of H,O produced.

I Molar

. toms ;
Mass H,O sl Moles H,0 L’Zp}: ra;,_ O —> Moles Hin L ass H —

> K0 =» igi 1
il J In;.aOS\;/ n?u)l prciisd molecule M 1.01 g/mol

Using the values given in this example, the mass of H is

1 molHH;0 2 molH 1.01gH
Grams H = (0.306 H:0) 1350 1,6 )\ 1 mobH;,0 /\ L mol H

= 0.0343gH

The mass of the sample, 0.255 g, is the sum of the masses of C, H, and O. Thus, the O m
Massof O = mass of sample — (mass of C + mass of H)
= 0.255g — (0.153 g + 0.0343g) = 0.068g O
The number of moles of C, H, and O in the sample is therefore

1molC
12.0gC

Moles C = (0.153 ng)( ) = 0.0128 mol C

1 mol H
1.01gH

1mol O
16.0 gO

"To find the empirical formula, we must compare the relative number of moles of each e
the sample, as illustrated in Sample Exercise 3.13.

Moles H = (0.0343 g/H)( ) = 0.0340 mol H

Moles O = (0.068 g»@)( ) = 0.0043 mol O

_0.0128_30 1-1-0'0340— 0.0043
"0.0043 ' '0.0043 ) 70.0043

The first two numbers are very close to the whole numbers 3 and 8, giving the empirical b
formula C;H;O. i

Practice Exercise 1

The compound dioxane, which is used as a solvent in various industrial pro
posed of C, H, and O atoms. Combustion of a 2.203-g sample of this compound
4,401 g CO; and 1.802 g H,O. A separate experiment shows that it has a molar ma
88.1 g/mol. Which of the following is the correct molecular formula for dioxane?
(b) C4H,40,, () CH,, (d) CyH;O,.

Practice Exercise 2

(a) Caproic acid, responsible for the odor of dirty socks, is composed of C, H, and
Combustion of a 0.225-g sample of this compound produces 0.512 g CO, and 0.2(
What is the empirical formula of caproic acid? (b) Caproic acid hasa ‘molar mass of ]
What is its molecular formula? g

——

A Give It Some -Thought

In Sample Exercise 3.15, how do you explain that the values in our calcL I
C:H:0 ratio are 3.0:7.9:1.0 rather than exact integers 3:8:17
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16 quantitative Information
" from Balanced Equations

fficients in a chemical equation represent the relative numbers of molecules
ion. The mole concept allows us to convert this information to the masses
ances in the reaction. For instance, the coefficients in the balanced

he coe
ind react
N [he .\'Uh-“
!

jon
14“3'

2H,(g) + 0(g) — 2H,0(I) [3.12]

-ate that two molecules of H; react with one molecule of O, to form two molecules
1S

\h + . "
v follows that the relative numbers of moles are identical to the relative num-

\‘(H:O. It
pers of molecules:
: HI(g) . OZ(g) —_— 2 Hzo( 1)
2 molecules 5 200
(602 X 10** molecules) 1(6.02 X 10% molecules) 2(6.02 X 10% molecules)
2 2 mol il s

W can generalize this obscn.iatic'm t‘o all balanced chemical equations: The coefficients
na balanced chemical equation indicate both the relative numbers of molecules (or for-
wula units) in the reaction and the relative numbers of moles. ¥ Figure 3.15 shows how
(his result corresponds to the law of conservation of mass.

" The quantities 2 mol H,, 1 mol Oy, and 2 mol H,0 given by the coefficients in
Equation 3.12 are called stoichiometrically equivalent quantities. The relationship be-
ween these quantities can be represented as

2molH, = 1mol O, = 2 mol H,0

shere the = symbol means “is stoichiometrically equivalent to.” Stoichiometric rela-
ions such as these can be used to convert between quantities of reactants and prod-
yets in a chemical reaction. For example, the number of moles of H,O produced from

157 mol of O, is

2 mol H,0

——— | = 3.14mol H,O
mem;) g

Moles H,O = (1.57 mokOE)(

Chemical
equation: 2 Hy(g) B OaA8) - 2 Hy0()
2 molecules Hy 1 molecule O, 2 molecules HyO
Molecular
interpretation: ' . ! &
FF R E v
Mole-level 2 mol H, 1 mol O, 2 mol H,O
Iterpretation:
' Convert to grams 'ing molar masses) '
4.0 4 H2 32.0 g 02 36.0 g Hzo
Notice the conservation of mass
(40g+320g=360g)
Afigum 31 5

terpreting a balanced chemical equation quantitatively.

T
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A Give It Some Thought ‘
When 1.57 mol O, reacts with Hp to form H,0, how many moles of H,

consumed in the process?

bustion of butane (C;Hy), th

As an additional example, consider the com
disposable lighters:

2CHyoll) + 1305(g) — 8COx(g) + 10 H,0(g)

Let’s calculate the mass of CO, produced when 1.00 g of C4Hy, is burne.

ficients in Equation 3.13 tell us how the amount of C4H; consumed i

the amount of CO, produced: 2 mol C;H)q = 8 mol CO,. To.use this sto
ric relationship, we must convert grams of C4H,, to moles using the mo

C4Hw, 58.0 g/mol:

1 mol C4H;,
Moles C4H,p = (1.00 gCitlio) %g——%ﬁﬁ

= 1.72 X 1072mol C;H,,

Of COZ:

8 mol CO
Moles CO, = (1.72 X 1072 mol—&Hﬁ)(E——z)
mokE3H},

= 6.88 X 107> mol CO,

Finally, we use the molar mass of CO,,44.0 g/mol, to calculate the
in grams:
Grams CO, = (6.88 X 1072 mel€0, (——
rams CO, = ( 2) 1 met€0;
= 3.03gCO,

This conversion sequence involves three steps, as illustrated in ¥ Figur
three conversions can be combined in a single equation:

lmol—e;Hﬁ,')( 8 mol€0; )(44.0
58.0 gG4tyo / \ 2 mel€5H7,

Grams CO, = (1.00 g,%Hﬁ)(

= 3.03gCO,

To calculate the amount of O, consumed in the reaction of Equa
again rely on the coefficients in the balanced equation for our stoichios
2 mol C4H|0 = 13 mol 02:

Given:
Use Use coefficients : Use
Grams of ' : Moles of Moles of
molar =——p from balanced —— molar
substance A mass oA substance A equation substance B of B
l ; Il ' ] 1
|
1]

| A Figure 3.16 Procedure for calculating amounts of reactants consumed or products
formed in a reaction. The number of grams of a reactant consumed or product formed can be
calculated in three steps, starting with the number of grams of any reactant or product. -
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Grams O, = (1.00 S—CTHE)(

= 35980,

1mol%41=m)( 13 mol 0, )(32.Og02)
58.0 gCaHi /\ 2 mol-€;H;, /\ 1 molO;

L. Give It Some Thought

In the previous exgmple. 1.00 g of C4H;q reacts with 3.59 g of 0, to form
3.03 g of CO,. Using only addition and subtraction, calculate the amount of
H,0 produced.

- —.

MBI - — - —— -
SXERCISE 3.16 Calculating Amounts of Reactants and Products

Determine how many grams of water are produced in the oxidation of 1.00 g of glucose, C¢H,,O4:

CeHi204(s) + 6 05(g) — 6 CO,(g) + 6 H,0(l)

SOLUTION

Analyze We are given the mass of a reactant and must determine the mass of a product in the
given reaction.

plan We follow the general strategy outlined in Figure 3.16:

(1) Convert grams of CgH;,04 to moles using the molar mass of CgH;,04.

(2) Convert moles of C4H;,04 to moles of H,O using the stoichiometric relationship
1 mol CgH;,0s = 6 mol HyO,

(3) Convert moles of H,O to grams using the molar mass of H,0.
Solve
(1) First we convert grams of C¢H;,0¢ to moles using the molar mass of C¢H;,04.

- Use Use coefficients Use
(;rams of solat Moles of Ebm balaieed ) Moles of elLr Grams of
substance A irnass'cEIA substance A euation substance B R substance B

1 mol C¢H,,0¢

Moles CgH),05 = (1.00 g-CH;305) (m)

(2) Next we convert moles of CgH,,04 to moles of H,O using the stoichiometric relationship
I mol CHy,05 = 6 mol H,O.

Use Use coefficients ‘ Use ‘
= molar ——» ul;;’lsc;ﬁiczf " ‘—P from balanced —» sLll\t/)I:tl:ti;fB =% molar =—— Grams of
mass of A : ] equation | massof B substance B

1 mol CgH; 05 )( 6 mol H,0 )

Moles H,0 = (1.00&951-1502)(1800%0; 1 mol-€5H1;05

) Finally
ally, we convert moles of H,0 to grams using the molar mass of H,0.
ms of Use Use coefficients Use ‘
15 Of oG | ;
e A — molar—p sur:\'::l::*zf I from balanced — 5 l\g:tl:rs\cch — molar —» scgsatjanrfcng 1
mass of A iy equation 3 . massof B e ‘

Grams H,0 = (1,00 g o 6)( 1 mol- GzH ;05 )( 6 moHi;0 )(IS.Ogﬂzo)

180.0 g CsH306 / \ 1 mol-SgHi;0; / \ 1 moHH;0
leck w Ak
5.0, Be = ‘:";}?eck how reasonable our result is by doing a ballpark estimate of the mass of
Img] o o1, e molar mass of glucose is 180 g/mol, 1 g of glucose equals 1/180 mol. Because
Yater i vields 6 mol H,0, we would have 6/180 = 1/30 mol H,O. The molar mass of
f‘;}lmimj - ol, S0 we have 1/30 X 18 = 6/10 = 0.6 g of H,0, which agrees with the full
Ute,, 1 Units, grams H,0, are correct. The initial data had three significant figures, so

- figures for the answer is correct.

.
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Practice Exercise 1 |
Sodium hydroxide reacts with carbon dioxide to form sodium carbonate and

2 NaOH(s) + CO,(g) — Na,CO,(s) + HO(I)
How many grams of Na,COj can be prepared from 2.40 g of NaOH? (a) 3.18 g, (b) 6.36
(€) 1.20 g, (d) 0.0300 g.

Practice Exercise 2

Decomposition of KCIO, is sometimes used to prepare small amounts of O in the |
2 xcno':?s) —2 xcf(s) + 30,(g). How many grams of O, can be prepared m

of KCIOQ? : o

SAMPLE r e e .
EXERCISE 3.17 Calculating Amounts of Reactants and Products

Solid lithium hydroxide is used in space vehicles to remove the carbon dioxide gas exhaled by
astronauts. The hydroxide reacts with the carbon dioxide to form solid lithium f:ar.bonale ’
liquid water. How many grams of carbon dioxide can be absorbed by 1.00 g of lithium hydrg

SOLUTION :

Analyze We are given a verbal description of a reaction and asked to calculate the number of
grams of one reactant that reacts with 1.00 g of another. .

Plan The verbal description of the reaction can be used to write a balanced equation:
2 LIOH(s) + CO,(g) — Li,CO4(s) + H,0(l)

We are given the mass in grams of LiOH and asked to calculate the mass in grams of CO,. We
accomplish this with the three conversion steps in Figure 3.16. The conversion of Step 1 requir
molar mass of LIOH (6.94 + 16.00 + 1.01 = 23.95 g/mol). The conversion of Step 2 is b
a stoichiometric relationship from the balanced chemical equation: 2 mol LIOH = mol ¢
the Step 3 conversion, we use the molar mass of CO, 12.01 + 2(16.00) = 44.01 g/mol.

Solve

lmol—hﬁﬂ)( 1 mol€0; )(«.ongco,) i
23.95 gLioH /\ 2 moltioH /\ Tmeteo; ) ~ 22198C0:

Check Notice that 23.95 g LiOH/mol = 24 g LIOH/mol, 24 g LiOH/mol X 2 mol LiOH
48 g LIOH, and (44 g CO,/mol) /(48 g LiOH) is slightly less than 1. Thus, the magnitude
our answer, 0.919 g CO,, is reasonable based on the amount of starting LiOH. The ni
of significant figures and units are also appropriate,

(l.OOg_HOH)(

Practice Exercise 1

Propane, C;Hy (Figure 3.8), is a common fuel used for cooking and home heating. What
mass of O, is consumed in the combustion of 1.00 g of propane? (a) 5.00 g (b)0.726 g,
(c)2.18g,(d)3.63 g e

Practice Exercise 2

Methanol, CH;OH, reacts with oxygen from air in 2 combustion reaction to form
carbon dioxide. What mass of water is produced in the combustion of 23.6 g of m

3.7 | Limiting Reactants

Suppose you wish to make several sandwiches using one slice of cheese and two sli
bread for each. Using Bd = bread, Ch = cheese, and Bd,Ch = sandwich, the
for making a sandwich can be represented like a chemical equation:

2Bd + Ch —> Bd,Ch

If you have ten slices of bread and seven slices of cheese, you can make only fi
wiches and will have two slices of cheese left over. The amount of bread availz
the number of sandwiches.
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GO FIGURE
1 the amount of Hz is doubled, how many moles of H,0 would have formed?

Before reaction After reaction

10H,and 7 O, 10 H;0 and 2 O, (no H, molecules)

A Figure 3.17 Limiting reactant. Because H; is completely consumed, it is the limiting reactant.
use some Oy is left over after the reaction is complete, it is the excess reactant. The amount
of H,0 formed depends on the amount of limiting reactant, Ho.

An analogous situation occurs in chemical reactions when one reactant is used up
pefore the others. The reaction stops as soon as any reactant is totally consumed, leav-
ing the excess reactants as leftovers. Suppose, for example, we have a mixture of 10 mol
H,and 7 mol Oy, which react to form water:

2Hy(g) + 0,(g) — 2H,0(g)
Because 2 mol H, = mol O,, the number of moles of O, needed to react with all the Hj is

1 mol
Moles O, = (10 mei’Hz’)(z—O—j) = 5mol O,
Because 7 mol O, is available at the start of the reaction, 7mol O, — 5mol O, =
2mol O, is still present when all the H, is consumed.

The reactant that is completely consumed in a reaction is called the limiting
reactant because it determines, or limits, the amount of product formed. The other
reactants are sometimes called excess reactants. In our example, shown in A Figure 3.17,
H, is the limiting reactant, which means that once all the H, has been consumed, the
reaction stops. At that point some of the excess reactant O, is left over.

There are no restrictions on the starting amounts of reactants in any reaction. In-
deed, many reactions are carried out using an excess of one reactant. The quantities of
feactants consumed and products formed, however, are restricted by the quantity of
the limiting reactant, For example, when a combustion reaction takes place in the open
dir, oxygen is plentiful and is therefore the excess reactant. If you run out of gasoline
while driving, the car stops because the gasoline is the limiting reactant in the combus-
lon reaction that moves the car.

Before we leave the examople illustrated in Figure 3.17, let’s summarize the data:

2H)(g) + O)g) —> 2H0(g)

Before reaction; 10 mol 7 mol 0 mol
Change (reaction): —10 mol -5 mol +10 mol
After reaction; 0 mol 2 mol 10 mol

m(:;i‘lf:“’nd !ine in the table (Change) summarizes the amounts of reactants con-
Producy 'f”“e‘ < ‘h{S consumption is indicated by the minus signs) and the amount of the
liy o . ed (indicated by the plus sign). These quantities are restricted by the quan-
y 'miting reactant and depend on the coefficients in the balanced equation.
. o Hy0,;:H,0 = 10:5:10is a multiple of the ratio of the coefficients in the
“{tation, 2:1:2, The after quantities, which depend on the before quantities
“Nges, are found by adding the before quantity and change quantity for each
amount of the limiting reactant (H,) must be zero at the end of the reac-

, '*Mains is 2 mol O, (excess reactant) and 10 mol H,0 (product).
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SAMPLE

EXERCISE 3.18 Calculating the Amount of Product Formed from a Limiting Reactant

The most important commercial process for converting N, from the air into nitrogen-containing
compounds is based on the reaction of N, and H, to form ammonia (NH;):

Ny(g) + 3H,(g) — 2NH;(g)

How many moles of NH; can be formed from 3.0 mol of N; and 6.0 mol of H,?

SOLUTION
Analyze We are asked to calculate the number of moles of product,

NH,, given the quantities of each reactant, N, and H,, available in
a reaction. This is a limiting reactant problem.

Plan If we assume one reactant is completely consumed, we can cal-
culate how much of the second reactant is needed. By comparing the
calculated quantity of the second reactant with the amount available,
we can determine which reactant is limiting. We then proceed with
the calculation, using the quantity of the limiting reactant.

Solve

The number of moles of H, needed for complete consumption of

3.0 mol of N, is

3 mol Hz
1 molN,

Because only 6.0 mol H, is available, we will run out of H, before
the N, is gone, which tells us that H; is the limiting reactant.
Therefore, we use the quantity of H, to calculate the quantity of
NH; produced:

Moles H, = (3.0 mol‘N’z')( ) = 9,0 mol H,

2 mol NH;4

= 4.0 mol NH
3molH, ) ki

Moles NH; = (6.0 mﬂf‘fﬁ)(

Comment It is useful to summarize the reaction data in a table:

Notice that we can calculate not only the number of moles ¢
formed but also the number of moles of each reactant rem,
ter the reaction. Notice also that although the initial (before)
of moles of H, is greater than the final (after) number of mole:
N, H, is nevertheless the limiting reactant because of its la
ficient in the balanced equation. :

Check Examine the Change row of the summary table to see
that the mole ratio of reactants consumed and product formed
2:6:4, is a multiple of the coefficients in the balanced equal
1:3:2. We confirm that H, is the limiting reactant because i
completely consumed in the reaction, leaving 0 mol at the en
Because 6.0 mol H, has two significant figures, our answer h
significant figures.

B {

Practice Exercise 1 3

When 24 mol of methanol and 15 mol of oxygen combine
in the combustion reaction 2 CH;OH(I) + 3 0,(g) —
2 CO,(g)+4 HyO(g), what is the excess reactant and how
many moles of it remains at the end of the reaction?
(a) 9 mol CH;0H(1), (b) 10 mol CO,(g), 4
(¢) 10 mol CH;OH(1), (d) 14 mol CH;0H(I), (e) 1 mol O,(g).

Practice Exercise 2 i

(a) When 1.50 mol of Al and 3.00 mol of Cl, combine in
reaction 2 Al(s) + 3 Cl,(g) — 2 AlCly(s), which is t

limiting reactant? (b) How many moles of AICI are form
(¢) How many moles of the excess reactant remain at the
of the reaction? {

Ny(g) + 3Hy(g) —> 2NHs(g)
Before reaction: 3.0 mol 6.0 mol 0 mol
Change (reaction): —2.0 mol —6.0 mol +4.0 mol
After reaction: 1.0 mol 0 mol 4.0 mol
SAMPLE - .

EXERCISE 3.19 = Calculating the Amount of Product Formed from a Limiting Reactant

The reaction

2H,(g) + Ox(g) — 2H,0(g)

is used to produce electricity in a hydrogen fuel cell. Suppose a fuel cell contains 150 g of
H,(g) and 1500 g of O,(g) (each measured to two significant figures). How many grams of

water can form?

SOLUTION

Analyze We are asked to calculate the amount of a product, given the
amounts of two reactants, so this is a limiting reactant problem.

Plan To identify the limiting reactant, we can calculate the
number of moles of each reactant and compare their ratio with
the ratio of coefficients in the balanced equation. We then use the
quantity of the limiting reactant to calculate the mass of water
that forms.

Solve From the balanced equation, we have the stoichiometric relations

2mol H; = mol O, = 2mol H,0

. -
Using the molar mass of each substance, we calculate the numb
moles of each reactant:

1 mol H,
202gH,;
1 mol 01
320g0;
The coefficients in the balanced equation indicate that th

requires 2 mol of H, for every 1 mol of O,. Therefore, fo
to completely react, we would need 2 X 47 = 94 mol of

Moles H, = (1503415)( ) = 74molH,

Moles O, = (150030;)( ) = 47 mol O,



there are only 74 mol of Hy, all of the O, cannot react, so it is the
excess reactant, and Hy must be the limiting reactant. (Notice that
the limating reactant is not necessarily the one present in the lowest
amount.)

we use the given quantity of H; (the limiting reactant) to calculate the
quantity of water formed. We could begin this calculation with the

siven H, mass, 150 g, but we can save a step by starting with the moles
of Hy, 74 mol, we just calculated:

2 mol-Hj; 18.
e (MmoH-Iz)( mol H_O)( SOgHZO)

2 molH, 1 molH;0
1.3 X 10°gH,0

Grams H;O

check The magnitude of the answer seems reasonable based on the
amounts of the reactants. The units are correct, and the number of
significant figures (two) corresponds to those in the values given in
the problem statement.

comment The quantity of the limiting reactant, H,, can also be used to
Jetermine the quantity of O, used:

Il

Grams O,

(74m0H15)( 1 molo;)(sz.agoz)

2melH; /\ 1 molO;
=12 X 10°g0,
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The mass of O, remaining at the end of the reaction equals the start-
ing amount minus the amount consumed:

1500 g — 1200g = 300 g.

Practice Exercise 1

Molten gallium reacts with arsenic to form the semiconduc-
tor, gallium arsenide, GaAs, used in light-emitting diodes and
solar cells :

Ga(l)+As(s) — GaAs(s)

If 4.00 g of gallium is reacted with 5.50 g of arsenic, how many
grams of the excess reactant are left at the end of the reaction?
(a) 4.94 g As, (b) 0.56 g As, (c) 8.94 g Ga, or (d) 1.50 g As.

Practice Exercise 2

When a 2.00-g strip of zinc metal is placed in an aqueous solution
containing 2.50 g of silver nitrate, the reaction is

Zn(s) + 2 AgNOs(aq) — 2 Ag(s) + Zn(NO;).(aq)

(a) Which reactant is limiting? (b) How many grams of Ag form?
(¢) How many grams of Zn(NO;), form? (d) How many grams of
the excess reactant are left at the end of the reaction?

Theoretical and Percent Yields

The quantity of product calculated to form when all of a limiting reactant is con-

sun

1ed is called the theoretical yield. The amount of product actually obtained,

called the actual yield, is almost always less than (and can never be greater than) the

theoreti

cal yield. There are many reasons for this difference. Part of the reactants

mav not react, for example, or they may react in a way different from that desired
(si(ie reactions). In addition, it is not always possible to recover all of the product
from the reaction mixture. The percent yield of a reaction relates actual and theo-

retical yields:

actual yield

Bersefinet s theoretical yield

X 100%

[3.14])

SAMPLE

FXERCISE 3.20 Calculating Theoretical Yield and Percent Yield

Adipic acid, H,C4HgO,, used to produce nylon, is made commercially by a reaction between

cvclohexane (CgH,,) and Oy

2CeHya(l) + 504(g) — 2H,CeHsO4(1) + 2 H,0(g)

(a) Assume that you carry out this reaction with 25.0 g of cyclohexane and that cyclohexane
is the limiting reactant. What is the theoretical yield of adipic acid? (b) If you obtain 33.5 g of

adipic acid, what is the percent yield for the reaction?

S>ULUTION

Anaiyze We are given a chemical equation and the guantity of the limiting reactant (25.0gof
C.H,,). We are asked to calculate the theoretical yield of a product HyCHgO, and the percent

vield if only 33.5 g of product is obtained.

Bla
rla

() The theoretical yield, which is the calculated quantity of adipic acid formed, can be calcu-

lated using the sequence of conversions shown in Figure 3.16.

(b) The percent yield is calculated by using Equation 3.14 to compare the given actual yield

33.5 g) with the theoretical yield.
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	Chemical Reactions and Reaction Stoichiometry 
	Chemical Reactions and Reaction Stoichiometry 
	Have you ever poured vinegar into a vessel containing baking soda? If so, you know the result is an immediate and effervescent cascade of bubbles. The bubbles contain carbon dioxide gas that is produced by the chemical 
	reaction between sodium bicarbonate in the baking soda and acetic acid in 
	the vinegar. 
	The bubbles released when baking soda reacts with an acid play an important role in baking, where the release ofgaseous CO2 causes the dough in your biscuits or the batter in your pancakes to rise. An alternative way to produce CO2 in cooking is to use yeasts that rely on chemical reactions to convert sugar into CO2, ethanol, and other organic compounds. These types ofchemical reactions have been used for thousands of years in the baking ofbreads as well as in the production ofalcoholic beverages like beer 
	In this chapter we explore some important aspects ofchemical reactions. Our focu~ will be both on the use ofchemical formulas to represent reactions and on the quantitative information we can obtain about the amounts ofsubstances involved in those reactions. Stoichiometry (pronounced stoy-key-OM-uh-tree) is the area ofstudy that examines the quantities of substances consumed and produced in chemical reac­
	Ill> THE TEXTURE AND FLAVORS of bread 
	Ill> THE TEXTURE AND FLAVORS of bread 

	tions. Stoichiometry (Greek stoicheio11, "element," and metron, "measure") provides an 
	and beer are dependent on chemical essential set oftools widely used in chemistry, including such diverse applications as 
	reactions that occur when yeasts ferment measuring ozone concentrations in the atmosphere and assessing different processes sugars to produce carbon d1ox1de and for converting coal into gaseous fuels. ethanol. 
	WHAT'S AHEAD 
	WHAT'S AHEAD 
	3.4 AVOGADRO'S NUMBER AND THE MOLE We use chemical formulas to relate the masses of substances to the numbers of atoms, molecules, or ions contained in the substances, a 
	3.4 AVOGADRO'S NUMBER AND THE MOLE We use chemical formulas to relate the masses of substances to the numbers of atoms, molecules, or ions contained in the substances, a 

	3.1 CHEMICAL EQUATIONS We begin by considering how 
	3.1 CHEMICAL EQUATIONS We begin by considering how 
	3.1 CHEMICAL EQUATIONS We begin by considering how 
	3.1 CHEMICAL EQUATIONS We begin by considering how 
	3.1 CHEMICAL EQUATIONS We begin by considering how 
	3.1 CHEMICAL EQUATIONS We begin by considering how 
	relationship that leads to the crucially important concept of the 

	we can use chemical formulas to write equations representing 

	mole, defined as 6.022 x 10obJects (atoms. molecules, ions, 
	23 


	chemical reactions. and so on). 

	3.2 SIMPLE PATTERNS OF CHEMICAL REACTIVITY We then 
	3.2 SIMPLE PATTERNS OF CHEMICAL REACTIVITY We then 
	3.5 EMPIRICAL FORMULAS FROM ANALYSES We apply the examine some simple chemical reactions: combination reactions, 
	mole concept to determine chemical formulas from the masses of decomposition reactions, and combustion reactions. each element in a given quantity of a compound. 
	3.3 FORMULA WEIGHTS We see how to obtain quant1tat1ve information from chemical formulas by using formula weights. 
	Artifact

	1UANTITATIVE INFORMATION FROM BALANCED 3.7 LIMITING REACTANTS We recognize that one reactant 
	1UANTITATIVE INFORMATION FROM BALANCED 3.7 LIMITING REACTANTS We recognize that one reactant 
	TIONS We use the quantitative information inherent in may be used up before others in a chemical reaction. This is the chemical formulas and equations together with the mole concept limiting reactant. When this happens the reaction stops, leaving to predict the amounts of substances consumed or produced in some excess of the other starting materials. chemical reactions. 
	Artifact
	CHAPTEn :.1 Chemical Reactions and Reaction Stoichiometry 
	Sect
	Artifact
	.A. Figure 3.1 Antoine Lavoisier (1734-1794). The science career of Lavo1s1er. who conducted many important studies on combustion reactions, was cut short by the French Revolution. Guillotined m 1794 during the Reign of Terror, he 1s generally considered the father of modern chemistry because he conducted carefully controlled experiments and used quantitative measurements. 
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	Artifact
	.A. Figure 3.2 A balanced chemical equation. 
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	nature, not mg ts ere, • • t of performing chemical experim 
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	experiment. Upon t is pnnci ' , · theory, chemists came to underst de ends"• With the advent of Dalton s atonuc . . and
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	3.11 Chemical Equations 
	3.11 Chemical Equations 
	3.11 Chemical Equations 
	. · b h ·cal equations. When the gas hydrogen (H )
	We represent chemical react10ns Y c em• . . 2 burns, for example, it reacts with oxygen (02) in the air to form water (H20). We write 
	the chemical equation for this reaction as 2H+ 0 ---+ 2H20 (3.1) 
	2 
	2 

	We read the + sign as "reacts with" and the arrow as "produces." The chemical formulas to the left ofthe arrow represent the starting substances, called reactants. The chemical formulas to the right ofthe arrow represent substances produced in the reac­tion, called products. The numbers in front ofthe formulas, called coefficients, indicate the relative numbers ofmolecules ofeach kind involved in the reaction. (As in algebraic 
	equations, the coefficient 1 is usually not written.) Because atoms are neither created nor destroyed in any reaction, a chemical equa­tion must have an equal number of atoms of each element on each side of the arrow. When this condition is met, the equation is balanced. On the right side ofEquation 3.1, for example, there are two molecules of H20, each composed of two atoms ofhydro­gen and one atom ofoxygen (.,. Figure 3.2). Thus, 2 H20 (read "two molecules ofwa­ter") contains 2 X 2 = 4 H atoms and 2 X 1 =
	L. Give It Some Thought 
	How many atoms of Mg, 0, and Hare represented by the notation 3 Mg(OH)2? 

	Balancing Equations 
	Balancing Equations 
	Balancing Equations 
	To construct a balanced chemical equation we start by writing the formulas for the reactants on the left-hand side of the arrow and the products on the right-hand side. Next we balance the equation by determining the coefficients that provide equal nwn­bers of each type ofatom on both sides ofthe equation. For most purposes, a balanced equation should contain the smallest possible whole-number coefficients. 

	In balancing an equation, you need to understand the difference between coefficients and subscripts. As .,.. Figure 3.3 illustrates, changing a subscript in a formula-from H20 to H20 2, for example-changes the identity of the substance. The substance H202, hy· drogen peroxide, is quite different from the substance H0, water. Never change sub· scripts when balancing an equation. In contrast, placing a coefficient in front ofa formula changes only the amount ofthe substance and not its identity. Thus, 2 H0 me
	2
	2

	To illustrate the process ofbalancing an equation, consider the reaction that occurs when methane (CH4), the principal component ofnatural gas, burns in air to produce 
	·Lavoisier, Antoine. "Elements ofChemistry." 1790. 
	Two molecules water (contain four H atoms and two O atoms) 
	SECTION 3.1 Chemical Equations 
	SECTION 3.1 Chemical Equations 

	Artifact
	Changing subscript ctianges identity and properties 
	Changing subscript ctianges identity and properties 
	Artifact
	One molecule hydrogen peroxide (contains two H atoms and two O atoms) 

	Figure 3.3 The difference between changing subscripts and changing coefficients In 
	• ,.equations. 
	11 

	clleffl"' 
	clleffl"' 
	carb<>n dioxide gas ( CO2) and water "'.1por ( ~20) (T Figure 3.4). Both products con­tain oxygen _ato~s that come from 0 2 m the air. Thus, 0 2is a reactant, and the unbal­anced equation 1s 
	[3.2] 
	It is usually best to balance first those elements that occur in the fewest chemical for-
	ulas in the equation. In our example, C appears in only one reactant ( CI-4) and one ~uct (CO2). The same is true for H ( CI-4 and H20 ). Notice, however, that O appears in one reactant {02) and two products ( CO2 and H20). So, let's begin with C. Because one molecule of Cflt contains the same number ofC atoms ( one) as one molecule ofco, thecoefficients for these substances must be the samein the balanced equation. Therefore, we start by choosing the coefficient I ( unwritten) for both CI-4 and CO. 
	2
	2

	Next we focus on H. On the left side ofthe equation we have CI-4, which has four Hatoms, whereas on the right side ofthe equation we have H0, containing two Hat­oms. To balance the H atoms in the equation we place the coefficient 2 in front ofH0 . Now there are four H atoms on each side ofthe equation: 
	2
	2

	Cflt + 0 2 ----+ CO2 + 2 H20 {unbalanced) [3.3] 
	While the equation is now balanced with respect to hydrogen and carbon, it is not yet balanced for oxygen. Adding the coefficient 2 in front of 02 balances the equation by giving four O atoms on each side (2 X 2 left, 2 + 2 X I right): 
	Cflt + 2 0 2 ----+ CO2 + 2 H20 (balanced) (3.4] The molecular view ofthe balanced equation is shown in Figure 3.5. 
	GO FIGURE 
	lnthemolecular level views shown in the figure how many C, H, and O atoms are present on the reactant side? Are the same number of each type of atom present on the product side? 
	Reactants Products 
	Artifact
	•r18Ure 3 
	•r18Ure 3 
	~ thane reacts with oxygen in a Bunsen burner. 
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	Artifact
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	+
	Artifact

	+ 
	-
	Artifact

	Artifact
	+
	c~ + 20i 
	-
	Artifact
	1 C,4H, 40
	1 C, 4H, 40 • Figure 3_5 Balanced chemical equation for the combustion of CH4• 

	~~~21~~ 3.1 Interpreting and Balancing Chemical Equations 
	The following diagram represents a chemical reaction in wh~ch the red spheres are oxygen atoms and the blue spheres are nitrogen atoms. (a) Write th_e chemical forT?ulas for the_ react~ts and products. (b) Write a balanced equation for the reaction. (c) Is the diagram consistent With the law ofconservation of mass? 





	~, 
	~, 
	~, 
	••• 

	t
	• 
	Artifact

	SOLUTION 
	SOLUTION 
	(a) 
	(a) 
	(a) 
	The left box, which represents reactants, contains two kinds of molecules, those composed oftwo oxygen atoms (0 2) and those composed of one nitrogen atom and one oxygen atom (NO). The right box, which represents products, contains only one kind of molecule, which is composed ofone nitrogen atom and two oxygen atoms (N0 ). 
	2


	(b) 
	(b) 
	The unbalanced chemical equation is 


	02 + NO --N02 (unbalanced) An inventory ofatoms on each side ofthe equation shows that there are one N and three 0 on the left side ofthe arrow and one N and two O on the right. To balance Owe must increase the number ofO atoms on the right while keeping the coefficients for NO and N0
	02 + NO --N02 (unbalanced) An inventory ofatoms on each side ofthe equation shows that there are one N and three 0 on the left side ofthe arrow and one N and two O on the right. To balance Owe must increase the number ofO atoms on the right while keeping the coefficients for NO and N0
	2

	equal. Sometimes a trial-and-error approach is required; we need to go back and forth sev­eral times from one side ofan equation to the other, changing coefficients first on one side ofthe equation and then the other until it is balanced. In our present case, let's start by in­creasing the number ofO atoms on the right side ofthe equation by placing the coefficient 
	2 in front ofN02: 
	02 + NO --2 N02 (unbalanced) 
	02 + NO --2 N02 (unbalanced) 

	Now the equation gives two N atoms and four O atoms on the right, so we go back to the left side. Placing the coefficient 2 in front ofNO balances both N and 0 : 
	0 2 + 2 NO --2 N0(balanced) 
	0 2 + 2 NO --2 N0(balanced) 
	21 

	1 
	2 N, 40 2N,40 

	(c) The reactants box contains four 0 2 and eight NO. Thus, the molecular ratio is one 0 for each two NO, as required by the balanced equation. The products box contains eight N02, which means the number ofN02 product molecules equals the number of NO reactant 
	2 

	molecules, as the balanced equation requires. There are eight N atoms in the eight NO molecules in the reactants box. There are also 4 X 2 = 8 0 atoms in the 0 2 molecules and 8 0 atoms in the NO molecules, 
	SECTION 3.1 Chemical Equations 
	SECTION 3.1 Chemical Equations 

	~1\·ing ,l tot,11of 16 0 ,1to111s. In till' products box we find l'ight NO ol I I· I
	I 

	1 n ccu cs, w 11c 1 
	" · · I N I · · ' 

	,,,ntaltl c1g 11 _ (ll0tns an, 8 X 2 = 16? ntoms. Bcrnusc there nrc equal numbers of N ,111,I O ,11c11n~ the two hoxt·s, till' draw111g is consistent w1'tl1 tl1c 1-,.. , <)f · 
	111 

	. · · · , .. conservation
	tlf lll,\SS, 
	tlf lll,\SS, 
	Practice Exercise 1 

	In thl' follmving diagram, the white spheres represent hydrogen atoms and the blues heres n·prcst•nt 111trogcn atoms. P 
	Sect
	Artifact
	? 

	The two reactants combine to form a single product, ammonia, NH, which is not shown. Write a balanced chemical equation for the reaction. Based on the equation and the con­tents of the left (reactants) box, find how many NHmolecules should be shown in the right (products) box. {a) 2, (b) 3, (c) 4, (d) 6, (e) 9. 
	3
	3 

	Practice Exercise 2 
	Practice Exercise 2 

	In the following diagram, the white spheres represent hydrogen atoms, the black spheres carbon atoms, and the red spheres oxygen atoms. 
	Artifact
	In this reaction, there are two reactants, ethylene, C2fli, which is shown, and oxygen, 0 2, which is not shown, and two products, CO2 and H20, both ofwhich are shown. (a) Write a balanced chemical equation for the reaction. (b) Determine the number of0 2 molecules that should be shown in the left (reactants) box. 
	Indicating the States of Reactants and Products 
	Symbols indicating the physical state ofeach reactant and product are often shown in chemical equations. We use the symbols (g), (/), (s), and (aq) for substances that are gases, liquids, solids, and dissolved in aqueous (water) solution, respectively. Thus, l:quation 3.4 can be written 
	[3.5] 
	~ometimes symbols that represent the conditions under which the reaction proceeds appear above or below the reaction arrow. One example that we will encounter later in this chapter involves the symbol ~ (Greek uppercase delta); a cap delta above the reaction arrow indicates the addition ofheat. 
	CHAPTER 3 Chemical Reactions and Reaction Stoichiometry 

	SAMPLE 
	SAMPLE 
	SAMPLE 

	EXERCISE 3.2 Balancing Chemical Equations 
	B.1l.111ce the equation 
	B.1l.111ce the equation 
	B.1l.111ce the equation 
	Na(s) + H20(/) --+ NaOH (aq) + Hi(g)


	SOLUTION 
	SOLUTION 

	Begin by counting each kind ofatom on the two sides of the arrow. There .1rc one Na, one 0, and two Hon the left side, and one Na, one 0, and three H on the right. The Na and O atoms are balanced, but the number of H atoms is not. To increase the number ofH atoms on the left, let's try 
	Begin by counting each kind ofatom on the two sides of the arrow. There .1rc one Na, one 0, and two Hon the left side, and one Na, one 0, and three H on the right. The Na and O atoms are balanced, but the number of H atoms is not. To increase the number ofH atoms on the left, let's try 
	Begin by counting each kind ofatom on the two sides of the arrow. There .1rc one Na, one 0, and two Hon the left side, and one Na, one 0, and three H on the right. The Na and O atoms are balanced, but the number of H atoms is not. To increase the number ofH atoms on the left, let's try 
	Na(s) + 2 Hp(/) --+ NaOH(aq) + Hi(g)

	placing the coefficient 2 in front ofH20: 

	Although beginning this way does not balance H, it does increase the number of reactant H atoms, which we need to do. (Also, adding the coef­ficient 2 on H20 unbalances 0, but we will take care ofthat after we bal­ance H.) Now that we have 2 H20 on the left, we balance H by putting the 
	Although beginning this way does not balance H, it does increase the number of reactant H atoms, which we need to do. (Also, adding the coef­ficient 2 on H20 unbalances 0, but we will take care ofthat after we bal­ance H.) Now that we have 2 H20 on the left, we balance H by putting the 
	Although beginning this way does not balance H, it does increase the number of reactant H atoms, which we need to do. (Also, adding the coef­ficient 2 on H20 unbalances 0, but we will take care ofthat after we bal­ance H.) Now that we have 2 H20 on the left, we balance H by putting the 
	Na(s) + 2 H0 (/) --+ 2 NaOH(aq) + H2(g)
	2


	coefficient 2 in front of NaOH: 

	Balancing H in this way brings O into balance, but now Na is unbal­:111ced, with one Na on the left and two on the right. To rebalance Na, we put the coefficient 2 in front of the reactant: 2 Na(s) + 2 H20(/) --+ 2 NaOH(aq) + H2(g) 
	We now have two Na atoms, four H atoms, and two O atoms on each side. The equation is balanced. 
	Comment Notice that we moved back and forth, placing a coefficient in front ofH20,then NaOH, and finally Na. In balancing equations, we often find ourselves following this pattern ofmoving back and forth from one side ofthe arrow to the other, placing coefficients first in front ofa formula on one side and then in front ofa formula on the other side until the equation is balanced. You can always tell if you have balanced your equation correctly by checking that the number ofatoms ofeach element is the same 
	Practice Exercise 1 The unbalanced equation for the reaction between methane and bromine is _CJi.i(g) + _Br2(1)--+ _CBr4(s) + _HBr(g) Once this equation is balanced what is the value of the coefficient in front ofbromine Br/ 
	(a) 1, (b) 2, (c) 3, (d) 4, (e) 6. 
	(a) 1, (b) 2, (c) 3, (d) 4, (e) 6. 

	Practice Exercise 2 Balance these equations by providing the missing coefficients: 
	(a) 
	(a) 
	(a) 
	_ Fe(s) + _Oi(g)--+ _Fe20h) (b)_Al(s) + _ HCl(aq)----+ _AlCl3 (aq) + _H2(g) 

	(c) 
	(c) 
	_ CaCOJ(s) + _ HCl(aq)----+ _CaCl2(aq) + _CO2(g) + _H20(1) 


	3.2 ISimple Patterns of Chemical Reactivity 
	3.2 ISimple Patterns of Chemical Reactivity 
	In this section we examine three types ofreactions that we see frequently throughout this chapter: combination reactions, decomposition reactions, and combustion reactions. Our first reason for examining these reactions is to become better acquainted with chemical reac­tions and their balanced equations. Oursecond reason is to consider how we might predict the products ofsome ofthese reactions knowing only their reactants. The key to predicting the products formed by a given combination ofreactants is recog
	Combination and Decomposition Reactions 
	In combination reactions two or more substances react to form one product (JI,, Table 3.1). For example, magnesium metal burns brilliantly in air to produce magnesium oxide (JI,, Figure 3.6): 
	2 Mg(s) + Oi(g ) -2 MgO(s) [3.6] 
	2 Mg(s) + Oi(g ) -2 MgO(s) [3.6] 
	SECTION 3 2 Simple Patterns of Chemical Reactivity 

	This reaction is used to produce the bright flame generated by flares and some fireworks. A combination reaction between a metal and a nonmetal, as in Equation 3.6, produces an ionic solid. Recall that the formula of an ionic compound can be 
	determined from the charges of its Ions. (Section 2.7) When magnesium reacts with oxygen, the magnesium loses electrons and forms the magnesium ion, Mg2+. The oxygen gains electrons and forms the oxide ion, a2-. Thus, the reaction product isMgO. 
	You should be able to recognize when a reaction is a combination reaction and to predict the products when the reactants are a metal and a nonmetal. 
	Table 3.1 Combination and Decomposition Reactions 
	combination Reactions 
	combination Reactions 

	A+ B-C Two or more reactants combine to form a single product. Many elements react 
	C(s) + Oi(g) -COz(g) 
	C(s) + Oi(g) -COz(g) 

	with one another in this fashion to form N(g) + 3 H2(g) -2 NH3(g) compounds. 
	2

	CaO(s) + H2O(1) --Ca(OH h(aq) 
	CaO(s) + H2O(1) --Ca(OH h(aq) 
	Decomposition Reactions 

	c -A+B 
	c -A+B 
	c -A+B 
	A single reactant breaks apart to form two 

	2KCIOJ{s) -2 KCI(s) + 3 O2(g) PbCOJ{s) -PbO(s) + COz(g) 
	2KCIOJ{s) -2 KCI(s) + 3 O2(g) PbCOJ{s) -PbO(s) + COz(g) 
	-
	-

	or more substances. Many compounds react this way when heated. 

	Cu(OH)z(s) -CuO(s) + H2O(g) 
	Cu(OH)z(s) -CuO(s) + H2O(g) 
	-



	• The ribbon of magnesium metal is surrounded by oxygen gas in the air. • Mg2+ The reaction forms MgO, a white, ionic solid. Products 
	An intense flame is produced as the Mg atoms react with 02. 
	An intense flame is produced as the Mg atoms react with 02. 
	Reactants 

	2 Mg(s) + 02(g) ----------------------2MgO(s) Fig11re 3.6 Combustion of magnesium metal in air, a combination reaction. 
	b 
	t H<\rl l 11 :i Chemical Reactions and Reaction Stoichiometry 
	Give It Some Thought 
	Give It Some Thought 
	When Na and s undergo a combination reaction, what is the chemical formula of the product? 
	Artifact
	.I. Figure 3.7 Decomposition of sodium azide, NaN3(s), is used to inflate air bags in automobiles. 
	.I. Figure 3.7 Decomposition of sodium azide, NaN3(s), is used to inflate air bags in automobiles. 



	In a decomposition reaction one substance undergoes a reaction to produce two or more other substances (Table 3.1). For example, many metal carbonates decompose to form metal oxides and carbon dioxide when heated: 
	CaCOJ(s) ~ CaO(s) + COz(g) (3.7] 
	CaCOJ(s) ~ CaO(s) + COz(g) (3.7] 

	Decomposition ofCaCOis an important commercial process. Limeston~ or seashells, which are both primarily CaCO, are heated to prepare CaO, known as lime or quick­lime. Tens of millions oftons of CaO is used in the United States each year, in making glass, in metallurgy where it is used to isolate the metals from their ores, and in steel manufacturing where it is used to remove impurities. 
	3 
	3

	The decomposition ofsodium azide (NaN3) rapidly releases Ni(g), so this reaction is used to inflate safety air bags in automobiles ( <4 Figure 3.7): 
	2 NaNJ(s) -2 Na(s) + 3 Ni(g) [3.8] 
	2 NaNJ(s) -2 Na(s) + 3 Ni(g) [3.8] 

	The system is designed so that an impact ignites a detonator cap, which in turn causes NaNto decompose explosively. A small quantity ofNaN3 (about 100 g) forms a large quantity ofgas (about 50 L). 
	3 

	SAMPLE 
	SAMPLE 
	EXERCISE 3.3 Writing Balanced Equations for Combination and Decomposition Reactions 
	Write a balanced equation for (a) the combination reaction between lithium metal and fluorine gas and (b) the decomposition reaction that occurs when solid barium carbonate is heated (two products form, a solid and a gas). 

	SOLUTION 
	SOLUTION 
	(a) With the exception ofmercury, all metals are solids at room temperature. Fluorine occurs as a diatomic molecule. Thus, the reactants are Li(s) and Fi(g). The product will be composed ofa metal and a nonmetal, so we expect it to be an ionic solid. Lithium ions have a 1 + charge, Li+, whereas fluoride ions have a I -charge, r. Thus, the chemical formula for the product is LiF. The balanced chemical equation is 
	2 Li(s) + F2(g) ---+ 2 LiF(s) 
	2 Li(s) + F2(g) ---+ 2 LiF(s) 

	(b) The chemical formula for barium carbonate is BaC03• As mentioned, many metal carbon­ates decompose to metal oxides and carbon dioxide when heated. In Equation 3.7, for ex­ample, CaC03 decomposes to form CaO and CO2• Thus, we expect BaC0to decompose to BaO and CO2. Barium and calcium arc both in group 2A in the periodic table, which further su~gests they react in the same way: 
	3 

	BaC03(s) ---+ BaO(s) + C0(g) 
	BaC03(s) ---+ BaO(s) + C0(g) 
	2 


	Practice Exercise 1 
	Which ofthe following reactions is the balanced equation that represents the decomposition 
	reaction that occurs when silver (I) oxide is heated? (a) AgO(s) ---+ Ag(s) + O(g); 
	(b) 
	(b) 
	(b) 
	2 AgO(s) ---+ 2 Ag(s) + O2(g); (c) AgzO(s) ---+ 2 Ag(s) + O(g); 

	(d) 
	(d) 
	2Ag20(s) ---+ 4Ag(s) +Oi(g); (e) Ag20(s) ---+ 2 Ag(s) + Oi(g). 


	Practice Exercise 2 
	Write a balanced equation for (a) solid mercury (II) sulfide decomposing into its component 
	elements when heated and (b) aluminum metal combining with oxygen in the air. 
	SECTION 3.3 Formula Weights 
	SECTION 3.3 Formula Weights 

	combustion Reactions 
	combustion Reactions 
	combustion Reactions 

	conibustlon reactions are rapld reactions that produce a flame. Most combustion reactlons we observe involve 0 2 from air as a reactant. Equation 3.5 Illustrates a general class of reactions involving the burning, or combustion, of hydrocarbons ( compounds that contain only carbon and hydrogen, such as Cl-le and cH.c). occ (Section .) 
	2
	2
	9

	Hydrocarbons combusted in air react with 0 to form COand H0.,. The num­ber of molecules of 02 required and the number of molecules of CO and H o formed depend on the composition of the hydrocarbon, which acts as the fuel in th! reaction. For example, the combustion of propane (C3He, II>-Figure 3.8), a gas used for cooking and home heating, is described by the equation 
	2 
	2 
	2

	(3.9) 
	Artifact

	The state ofthe water in this reaction, H20(g) or H0(l), depends on the reaction con­ditions. Water vapor, H20(g), is formed at high temperature in an open container. 
	2

	Combustion of oxygen-containing derivatives of hydrocarbons, such as CH0H, also produces CO2 and H20. The rule that hydrocarbons and their oxygen-containing derivatives form CO2 and H20 when they burn in air summarizes the reactions ofabout 3 million compounds with oxygen. Many substances that our bodies use as energy sources, such as the sugar glucose (C6H120 6}, react with 0 to form COand H0. In our bodies, however, the reactions take place in a series of intermediate steps that occur at body temperature.
	3
	2 
	2 
	2

	. GO FIGURE 
	. GO FIGURE 
	Does this reaction produce or consume thermal energy (heat)? 
	Artifact
	It. Figure 3.8 Propane burning in air. 
	It. Figure 3.8 Propane burning in air. 
	Liquid propane in the tank, C3Hs, vaporizes and mixes with air as it escapes through the nozzle. The combustion reaction of C3Hs and ~ produces a blue flame. 


	SAMPLE 

	EXERCISE 3.4 Writing Balanced Equations for Combustion Reactions Write thebalanced equation for the reaction that occurs when me_th~ol, CH30H(I), is burned~ air: 
	SOLUTION 
	SOLUTION 

	When any compound containing C, H, and O is combusted, it reacts with the 0i(g) in air to produce C02(g) and H20(g). Thus, the un­balanced equation is 
	CH0H(I) + 02(g) --C02(g) + H20(g) The C atoms are balanced, one on each side of the arrow. Because CHPH has four H atoms, we place the coefficient 2 in front ofH20 to balance the H atoms: CH0H(I) + 0 2(g) --C02(g) + 2 H20(g) Adding this coefficient balances H but gives four O atoms in the products. Because there are only three O atoms in the reactants, we are not finished. We can place the coefficient Jin fron\ of 02 to give four Oatoms in the reactants (f X 2 = 3 0 atoms in 202):
	3
	3

	'\. 
	'\. 
	CH30H(I) + ! 0i(g) --C02(g) +'2 H2Q(g)
	\ 

	Although this equation is balanced, it is not in its most conven­tional form because it contains a fractional coefficient. However, 
	Although this equation is balanced, it is not in its most conven­tional form because it contains a fractional coefficient. However, 
	multiplying through by 2 removes the fraction and keeps the equation balanced: 

	2 CH30H(I) + 3 0 2(g) ---+ 2 C0i{g) + 4 Hp(g) 
	2 CH30H(I) + 3 0 2(g) ---+ 2 C0i{g) + 4 Hp(g) 
	Practice Exercise 1 Write the balanced equation for the reaction that occurs when ethylene glycol, CiH.i(OHh, burns in air. 
	(a) 
	(a) 
	(a) 
	C2i4(0H)i(I) + 5/2 0i(g) ---+ 2 C02(g) + 3 Hp(g) 

	(b) 
	(b) 
	2 C2H.i(OH)2(1) + 5 0 2(g) ---+ 4 C02(g) + 6 H20(g) 

	(c) 
	(c) 
	C2H.i(OH)i(I) + 3 0 2(g) ---+ 2 C02(g) + 3 H20(g) 

	(d) 
	(d) 
	C2H.i( OH)i(I) + 50(g) ---+ 2 C02(g) + 3 H20 (g) 

	(e) 
	(e) 
	4 C2r4(0Hh(I) + 10 0i{g) --8 C02(g) + 12 H20(g) 


	Practice Exercise 2 Write the balanced equation for the reaction that occurs when ethanol, CH50H(I), burns in air. 
	2

	3.3 IFormula Weights 

	Chemical formulas and chemical equations both have a quantitative significance in that the subscripts in formulas and the coefficients in equations represent precise quantities. The formula H0 indicates that a molecule of this substance (water) contains exactly two atoms of hydrogen and one atom of oxygen. Similarly, the coefficients in a balanced chemical equation indicate the relative quantities ofreactants and products. But how do 
	2

	When there is an insufficient quantity of 0 present, carbon monoxide (CO) is produced along with CO2: this is called Incomplete combustion. Jf the quantity of 0 2 is severely restricted, the fine particles of carbon we call soot are produced. Complete combustion produces only CO2 and H20, Unless stated to the contrary, we will always take combustion to mean complete combustion. 
	2 

	bz 
	CHAPTER 1 Chemical Reactions and Reaction Stoichiometry 
	CHAPTER 1 Chemical Reactions and Reaction Stoichiometry 
	CHAPTER 1 Chemical Reactions and Reaction Stoichiometry 
	the amounts we measure in the labo 

	I l t

	we relate the numbers ofatoms or mo ecu es o ' . . ratory? If you wanted to react hydrogen and oxygen in ex~ctly e nght rallo to make I-i20, how would you make sure t11e reactants contain a 2: 1 ratio of hydrogen atoms to oxyg_en atoms? 
	we relate the numbers ofatoms or mo ecu es o ' . . ratory? If you wanted to react hydrogen and oxygen in ex~ctly e nght rallo to make I-i20, how would you make sure t11e reactants contain a 2: 1 ratio of hydrogen atoms to oxyg_en atoms? 
	th

	It is not possible to count individual atoms or i~olecules, but we can 111direct1y determine their numbers ifwe know their masses. So, tf we are t~ calculate amounts of reactants needed to obtain a given amount of product, or oerwise extrapolate quanti­
	th

	tative information from a chemical equation or formula, we need to know more about 
	the masses of atoms and molecules. 
	Formula and Molecular Weights 
	The formula weight (FW) ofa substance is the sum of the atomic weights (AW) ofthe atoms in the chemical formula ofthe substance. Using atomic weigh~s, we find, for example, that the formula weight ofsulfuric acid (H2SO4) is 98.1 amu (atomic mass units): 
	FWofHSO= 2(AWofH) + (AWofS) + 4(AWofO) 
	2
	4 

	2(1.0 amu) + 32.1 amu + 4( 16.0 amu) 
	= 

	98.1 amu 
	= 

	For convenience, we have rounded offthe atomic weights to one decimal place, a prac­tice we will follow in most calculations in this book. 

	If the chemical formula is the chemical symbol of an element, such as Na, the formula weight equals the atomic weight of the element, in this case 23.0 amu. If the chemical formula is that ofa molecule, the formula weight is also called the molecular weight (MW). The molecular weight ofglucose ( C6H12O6), for example, is 
	MWofC= 6(12.0amu) + 12(1.0amu) + 6(16.0amu) = 180.0amu
	MWofC= 6(12.0amu) + 12(1.0amu) + 6(16.0amu) = 180.0amu
	6126 
	H
	O


	Because ionic substances exist as three-dimensional arrays ofions (see Figure 2.21), it is inappropriate to speak ofmolecules ofthese substances. Instead we use the empirical formula as the formula unit, and the formula weight ofan ionic substance· is determined by summing the atomic weights ofthe atoms in the empirical formula. For example, the formula unit of CaClconsists ofone Cai+ ion and two ci-ions. Thus, the formula weight ofCaCl2 is 
	2 

	FW ofCaC1= 40.1 amu + 2(35.5 amu) = 111.1 amu 
	FW ofCaC1= 40.1 amu + 2(35.5 amu) = 111.1 amu 
	2 


	SAMPLE 
	EXERCISE 3.5 Calculating Formula Weights 
	Calculate the formula weight of(a) sucrose, C12H2i011 (table sugar); and (b) calcium nitrate, Ca(NO3)i. 
	SOLUTION 
	(a) By adding the atomic weights ofthe atoms 12 C atoms = 12( 12.0 amu) = 144.0 amu in sucrose, we find the formula weight to be 
	(a) By adding the atomic weights ofthe atoms 12 C atoms = 12( 12.0 amu) = 144.0 amu in sucrose, we find the formula weight to be 
	342.0 amu: 22 H atoms = 22( 1.0 amu) = 22.0 amu 176.0amu 
	11 Oatoms = 11(16.0amu) = ---
	342.0amu 

	(b) If a chemical formula has parentheses, lCa atom = 1(40.lamu) = 40.lamu the subscript outside the parentheses is a 
	2 N atoms = 2(14.0 amu) = 28.0 amu
	2 N atoms = 2(14.0 amu) = 28.0 amu
	2 N atoms = 2(14.0 amu) = 28.0 amu
	2 N atoms = 2(14.0 amu) = 28.0 amu
	multiplier for all atoms inside. Thus, for 

	96.0amu


	Ca(NO3)i we have 
	Ca(NO3)i we have 
	Ca(NO3)i we have 
	6Oatoms = 6(16.0amu) = 

	164.1 amu 

	Practice Exercise 1 Which ofthe following is the correct formula weight for calcium phosphate? (a) 310.2 amu, 
	Practice Exercise 1 Which ofthe following is the correct formula weight for calcium phosphate? (a) 310.2 amu, 
	(b) 135.1 amu, (c) 182.2 amu, (d) 278.2 amu, (e) 175.1 amu. 

	Practice Exercise 2 Calculate the formula weight of(a) Al(OH)J, (b) CHpH, and (c) TaON. 
	SECTION 3.4 Avogadro's Number and the Mole 
	SECTION 3.4 Avogadro's Number and the Mole 

	Percentage Composition from Chemical Formulas 
	Percentage Composition from Chemical Formulas 
	Chemists must sometimes calculate the percentage composition ofa compound-that is, the percentage by mass contributed by each element in the substance. Forensic chem­ists, for example, can measure the percentage composition ofan unknown powder and compare it with the percentage compositions of suspected substances (for example, sugar, salt, or cocaine) lo identify the powder. 
	Calculating the percentage composition ofany element in a substance (sometimes called the elemental composition ofa substance) is straightforward ifthe chemical for­mula is known. The calculation depends on the formula weight of the substance, the atomic weight of the element of interest, and the number of atoms of that element in 
	the chemical formula: 
	the chemical formula: 

	number ofatoms)(atomic weight)( 
	ofelement ofelement
	%composition ofelement= ______________;_ x 100% (3.10] formula weight ofsubstance 
	SAMPLE EXERCISE 3.6 Calculating Percentage Composition 
	Calculate the percentage ofcarbon, hydrogen, and oxygen (by mass) in C12H22O. 
	11

	SOLUTION 
	SOLUTION 

	Let's examine this question using the problem-solving steps in the accompanying "Strategies in Chemistry: Problem Solving" essay. 
	Analyze We are given a chemical formula and asked to calculate the percentage by mass ofeach element. 
	Plan We use Equation 3.10, obtaining our atomic weights from a periodic table. We know the denominator in Equation 3.10, the formula weight ofC12H22O11, from Sample Exercise 3.5. We must use that value in three calculations, one for each element. 
	Solve 
	Solve 
	(12)(12.0 amu)

	%C = -----X 100% = 42.1% 
	342.0amu 
	342.0amu 
	(22)(1.0amu)

	%H = -----X 100% = 6.4% 
	342.0 amu 
	342.0 amu 
	342.0 amu 

	( 11)(16.0amu)%0 = -----X 100% = 51.5% 
	342.0amu 
	342.0amu 

	Check Our calculated percentages must add up to 100%, which they do. We could have used more significant figures for our atomic weights, giving more significant figures for our percent­age composition, but we have adhered to our suggested guideline of rounding atomic weights to one digit beyond the decimal point. 
	Practice Exercise 1 
	Practice Exercise 1 

	What is the percentage ofnitrogen, by mass, in calcium nitrate? (a) 8.54%, (b) 17.1 %, 
	(c) 13.7%, (d) 24.4%, (e) 82.9%. 
	(c) 13.7%, (d) 24.4%, (e) 82.9%. 
	Practice Exercise 2 
	Calculate the percentage ofpotassium, by mass, in K2PtC16. 

	3.4 I Avogadro's Number and the Mole 
	Ewn the smallest samples we deal with in the laboratory contain enormous numbers of atoms, ions, or molecules. For example, a teaspoon of water (about S mL) contains X 10water molecules, a number so large it almost defies comprehension. Chem­i~ts therefore have devised a counting unit for describing large numbers of atoms or 
	2 
	23 

	molecules. 
	molecules. 

	L l 11\l'l l II 3 Chemical Reactions and Reaction Stoichiometry 
	Problem Solving 
	Problem Solving 
	Artifact


	l-i@t44t4ii,13,J§,,ihik-
	-

	l'r.1dt, l' i~ thl' kl')' to MIC c~~ in solving problems. As you practice, you .:.111 improve your ~kills by following these ~tcps: 
	I. Analyze the problem. Rl·ad the problem carefully. What does it say? Dr,1w a pkture or diagram that will help you to visualize the problem. Write down both the data you are given and the quan­tity you nl'l'd to obtt1in (the unknown). 
	2. Develop .i plan for solving the problem. Consider a possible path between the given in formation and the unknown. What principles or equations relate the known data to the unknown? Recognize that some data may not be given explicitly in the 
	2. Develop .i plan for solving the problem. Consider a possible path between the given in formation and the unknown. What principles or equations relate the known data to the unknown? Recognize that some data may not be given explicitly in the 
	problem; you may be expected to know _certain quantities (such as Avogadro's number) or look them up in tables (such as atornic weights). Recognize also that yo_ur plan n_1ay involve either a sin. glc step or a series ofsteps with intermediate answers . 

	. 
	. 
	. 
	. 
	3

	Solve the problem. Use the known information and suitable equations or relationships to solve for the unknown. Dimensional analysis cxx,(Scction 1.6) is a useful tool for solving a great nurnber of problems. Be careful with significant figures, signs, and units. 

	4. 
	4. 
	Check the solution. Read the problem again to make sure you have found all the solutions asked for in the problem. Does your answer make sense? That is, is the answer outrageously large or small or is it in the ballpark? Finally, are the units and significant figures correct? 



	In everyday life we use such familiar counting units as dozen (12 objects) and gross (144 objects). In chemistry the counting unit for numbers ofatoms, ions, or molecules in a laboratory-size sample is the mole, abbreviated mo!. One mole is the amount of mat­ter that contains as many objects (atoms, molecules, or whatever other objects we are considering) as the number of atoms in exactly 12 g of isotopically pure C. From ex­periments, scientists have determined this number to be 6.02214129 X 10, which we u
	12
	23
	23
	23 
	1
	23 

	I mot C atoms = 6.02 X 10C atoms 
	I mot C atoms = 6.02 X 10C atoms 
	12
	23 12

	1 mo! H0 molecules = 6.02 X 10H20 molecules 
	2
	23 

	1 mot N0-ions = 6.02 X 10N03-ions 
	3
	23 


	Avogadro's number is so large that it is difficult to imagine. Spreading6.02 X 10marbles over Earth's surface would produce a layer about 3 miles thick. Avogadro's number ofpen­
	23 

	14
	14

	nies placed side by side in a straight line would encircle Earth 300 trillion ( 3 x 1Q) times. 
	SAMPLE EXERCISE 3.7 Estimating Numbers ofAtoms 
	Without using a calculator, arrange these samples in order ofincreasing numbers ofcarbon atoms: 12 g C, I mol C2H2, 9 X 10molecules ofCO2• 
	12
	23 

	SOLUTION 
	SOLUTION 

	Analyze We are given amounts ofthree substances expressed in grams, moles, and number ofmolecules and asked to arrange the samples in order ofincreasing numbers ofC atoms. 
	Plan To determine the number ofC atoms in each sample we must 
	12 2 , 
	convert 12 g C, 1 mol C2Hi, and 9 X 10 molecules CO2 to numbers ofC atoms. To make these conversions, we use the definition of mole and Avogadro's number. 
	3 
	-

	Solve One mole is defined as the amount of matter that contains as many units of ~he matter as there are C atoms in exactly 12 g of c. Thus, 12 g of C contains I mol ofC atoms = 6.02 x I0.rC atoms. One mo! ofC2H2 contains 6.02 X 10C2H2 molecules. Because there are two C atoms in each molecule, this sample contains 
	12
	1
	2
	23 

	12.04 X I0C atoms. Because each CO2 molecule contains one C atom, the CO2 sample contains 9 X I 0C atoms. Hence, the order is I 2 g C ( 6 X 10C atoms) < 9 X 10CO2 molecules (9 X I0Catoms) < 1 molC2H2(12 X 10Catoms). 
	23 
	23 
	12
	23 
	23 
	23
	23 

	Check \~e can check our results by comparing numbers ofmoles of C atoms 111 the samples because the number ofmoles is proportional to the number ofatoms. Thus, 12 g of C is I mo! C, I mol ofC2H2 contains 2 mo! C, and 9 X I0molecules ofCO2 contain 1.5 mo! C, giving the same order as stated previously. 
	Check \~e can check our results by comparing numbers ofmoles of C atoms 111 the samples because the number ofmoles is proportional to the number ofatoms. Thus, 12 g of C is I mo! C, I mol ofC2H2 contains 2 mo! C, and 9 X I0molecules ofCO2 contain 1.5 mo! C, giving the same order as stated previously. 
	12
	23 

	Practice Exercise 1 
	Determine which of the following samples contains the fewest sodium atoms? (a) I mo! sodium oxide, (b) 45 g sodium fluoride, 
	(c) 50 g sodium chloride, (d) I mo! sodium nitrate? 
	Practice Exercise 2 
	Without using a calculator, arrange these samples in order of incre:sing numbers ofO atoms: I mol H20, I mol CO2, 3 X 10 molecules of0 3. 
	3 


	·Avo~adro's number is also referred lo as the Avogadro constant. The latter term is the name adopted b)" age_ncies s~ch as the National Institute of Standards and Technology (NIST), but Avogadro's number re· mains tn widespread usage and is used in most places in this book. 
	SECTION 3.4 Avogadro's Number and the Mole 
	SECTION 3.4 Avogadro's Number and the Mole 

	SAMPLE 
	EXERCISE 3.8 Converting Moles to Number of Atoms 
	Calculate the number of H atoms in 0.350 mol ofCHQ• 
	6
	12
	6

	SOLUTION 
	Analyze We are given the amount ofa substance (0.350 mol) and its chemical formula CHQ. The unknown 1s the number of H atoms in the sample. 
	6
	12
	6

	Plan Avogadro's number provides the conversion factor between number of moles ofCH0 and number of molecules ofC6H1206: 1 mol C6H1206 = 6.02 X 10molecules ofCH0. Once we know the number of molecules ofC6H1206, we can use the chemical formula, which tells us that each molecule ofC6H1206 contains 12 H atoms. Thus, we convert moles ofCH0 to molecules of C6H1206 and then determine the number ofatoms of H from the number of molecules of C6H 1206: 
	6
	12
	6 
	23 
	6
	12
	6
	6
	12
	6 

	Moles C6H,206 -----+ molecules C6H120 -----+ atoms H 
	6 

	Solve 
	23
	23

	6.02 X 10moleGule~l'fiiC'6)( 12 H atoms )
	H atoms = (0.350 ~)
	H atoms = (0.350 ~)
	( 


	1 mo~ 1 moleec~ 
	2.53 X 10H atoms 
	2.53 X 10H atoms 
	= 
	24 


	Check We can do a ballpark calculation, figuring that 0.35(6 X 10) is about 2 x 10mole­cules ofC6H1206• We know that each one ofthese molecules contains 12 H atoms. 12(2 X 10) gives 24 X 10= 2.4 X 10H atoms, which is close to our result. Because we were asked for the number of H atoms, the units of our answer are correct. We check, too, for significant figures. The given data had three significant figures, as docs our answer. 
	23
	23 
	23
	23 
	24 

	Practice Exercise 1 
	Practice Exercise 1 

	How many sulfur atoms are in (a) 0.45 mol BaS04and (b) 1.10 mol ofaluminum sulfide? 
	Practice Exercise 2 
	Practice Exercise 2 

	How many oxygen atoms are in (a) 0.25 mol Ca(N03)z and (b) I.SO mol ofsodium 
	carbonate? 
	carbonate? 
	GO FIGURE 
	How many H20 molecules are in a 9.00-g sample of water? 
	Single molecule 
	Artifact
	Molar Mass 

	A dozen is the same number, 12, whether we have a dozen eggs or a dozen elephants. Clearly, however, a dozen eggs does not have the same mass as a dozen elephants. Simi­larly, a mole is always the same number ( 6.02 X 10), but 1-mol samples of different substances have different masses. Compare, for example, 1 mo! of C and I mo! of HMg. A single C atom has a mass of 12 amu, whereas a single Mg atom is twice as massive, 24 amu (to two significant figures). Because a mole ofanything always con­tains the same 
	23 
	12
	12
	24
	24
	12
	12
	24

	Cl has an atomic weight of35.5 amu => I mo! Cl has a mass of35.5 g. 
	Au has an atomic weight of 197 amu => 1 mo! Au has a mass of 197 g. 
	. For other kinds ofsubstances, the same numerical relationship exists between lormula weight and mass of I mo! ofa substance: 
	H~O has a formula weight of18.0 amu => 1 mo! H0 has a mass of 18.0 g "' Figure 3.9). 
	2

	'.\.iCI has a formula weight of58.5 amu => I mol NaCl has a mass of58.5 g. 
	'.\.iCI has a formula weight of58.5 amu => I mol NaCl has a mass of58.5 g. 
	1 molecule H20 

	(18.0 arnu) 
	(18.0 arnu) 
	Avogadro's number of water molecules in a mole of water. 
	1 rnol H,O 
	1 rnol H,O 
	(18.0 g) 


	• Figure 3.9 Comparing the mass of 1 molecule and 1 mol of H20. Both masses have the same number but different units (atomic mass units and grams). Expressing both masses in grams indicates their huge difference: 1 molecule of H20 has a mass of 
	2.99 x 10-g, whereas 1 mol H20 has a mass of 18.0 g. 
	23 


	b 
	Artifact
	94 
	94 

	CHAPH R 3 Chemical Reactions and Reaction Stoichiometry 
	Artifact
	Give It Some Thought 
	Give It Some Thought 
	(al Which has more mass, a mole of water (H20) or a mole of glucose (C5H120 ' 
	(bl Wh ich contains more molecules, a mole of water or a mole of glucose? ). 
	6


	~ 
	The mass in grams ofone mole, often abbreviated as I mo!, ofa substance (that la, ~he mass in grams per mole) is calle~ the mo_lar mass of th~ substance. T~e molar tnius 111 grams per mole ofany substance 1s numerically equal to Its formula weight in at . mass units. For NaCl, for example, the formula weight is 58.5 amu and the molar ;rn,c is 58.5 g/mol. Mole relationships for several other substances are shown in • Table ass 
	3

	and Y Figure 3.10 shows I mo! quantities ofthree common substances. ,2, 
	The entries in Table 3.2 for N and N2 point out the importance of statin h chemical form ofa substance when using the mole concept. Suppose you real,~ c I mo! of nitrogen is produced in a particular reaction. You might interpret this t at 
	. . s atc
	-

	ment to mean I mo! ofmtrogen atoms (14.0 g). Unless otherwise stated, however hais probably meant is I mo! of nitrogen molecules, N2 (28.0 g), because Nis the' w
	1 
	2 

	most 
	Table 3.2 Mole Relationships 
	Table 3.2 Mole Relationships 
	Name of 
	Name of 
	Name of 

	Substance 
	Substance 
	Formula 

	Atomic nitrogen 
	Atomic nitrogen 
	N 


	Molecular nitrogen N2 Silver Ag Silver ions Ag+ 
	Barium chloride 
	Formula Weight (amu) 
	Formula Weight (amu) 
	Formula Weight (amu) 
	Molar Mass (g/mol) 
	Number and Kind of Particles in One Mole 

	14.0 
	14.0 
	14.0 
	6.02 X 1023 N atoms 

	28.0 
	28.0 
	28.0 
	{ 6,02 X 1023 N 2 molecules 2(6.02 X 1023) N atoms 

	107.9 
	107.9 
	107.9 
	6.02 X 
	1023 Ag atoms 

	107_9• 
	107_9• 
	107.9 
	6.02 X 1023 Ag+ ions 

	208.2 
	208.2 
	208.2 
	6.02 X l 023 BaCJ2 formula units 6.02 X 1023 Ba2+ ions { 2(6.02 X 1023 ) Cl ions 



	•Recall that the mass ofan electron is more than 1800 times smaller than the 111 Of th 
	essentially the same mass. asses e proton athe neutron; thus, ions and atoms have 
	nd 

	Sect
	Artifact
	1 mol 02(g) has a mass of 32.0 g 
	1 mol H20(/) has a mass of 18.0 g 
	1 mol NaCl(s) has a mass of58.45 g 
	4 Figure 3.10 One mole each of a solid (N Cl) . mass in grams of l mol-that is, the molar m:~ liquid (H20), and a gas (02), In each case, the atomic mass units. Each of these sampl is numerically equal to the formula weight in es contains 6.02 x I()23 formula units. 
	SECTION 3 4 Avogadro's Number and the Mole 

	,llnunon ,hi:mic,tl form of the clement. To avoid ambiguity, it is important to state ,·,phdtl}' the chemical form being discussed. Using the chemical forrnula-N or N, for
	2in~t.uKe-avoids ambiguity. 
	SAMP LE 
	SAMP LE 
	EXERCISE 3.9 Calculating Molar Mass 
	What 1~ the molar mass ofglucose, C6H12Ob? 

	soLUTION Analyze We arc given a chemical formula and asked to determine its molar mass. Plan Because the molar m:15s ofany substance is_ numerically equal to its formula weight, we first 
	determine the formula weight ofglucose by addmg the atomic weights ofits component atoms. The ionnula weight will have units ofamu, whereas the molar mass has units ofgrams per mole (g/mol). solve Our first step is to determine the formula weight ofglucose: 
	6 C atoms = 6( 12.0 amu) = 72.0 amu 12Hatoms = 12(1.0amu) = 12.0amu 6 0 atoms = 6( 16.0 amu) = 96.0 amu 
	180.0amu 
	Because glucose has a formula weight of180.0 amu, 1 mol ofthis substance (6.02 X 10molecules) has a mass of 180.0 g. ln other words, C6H12O6has a molar mass of 180.0 g/mol. 
	23 

	Check A molar mass below 250 seems reasonable based on the earlier examples we have encoun­tered, and grams per mole is the appropriate unit for the molar mass. 
	Practice Exercise 1 A sample of an ionic compound containing iron and chlorine is analyzed and found to have a molar mass of 126.8 g/mol. What is the charge ofthe iron in this compound? (a) 1 +, (b) 2+, (c) 3+,(d)4+. 
	Practice Exercise 2 Calculate the molar mass ofCa(NO3)i. 
	Practice Exercise 2 Calculate the molar mass ofCa(NO3)i. 

	Glucose Monitoring 
	Our body converts most of the food we eat into glucose. After diges­tion, glucose is delivered to cells via the blood. Cells need glucose to live, and the hormone insulin must be present in order for glucose to enter the cells. Normally, the body adjusts the concentration ofinsulin automatically, in concert with the glucose concentration after eating. However, in a diabetic person, either little_,_or no insulin is produced (Type 1diabetes) or insulin is produced but the cells cannot take it up , properly (T
	Glucose meters work by the introduction of blood from a per­son, usually by a prick of the finger, onto a small strip ofpaper that contains chemicals that react with glucose. Insertion of the strip into a small battery-operated reader gives the glucose concentration 
	Glucose meters work by the introduction of blood from a per­son, usually by a prick of the finger, onto a small strip ofpaper that contains chemicals that react with glucose. Insertion of the strip into a small battery-operated reader gives the glucose concentration 
	(• Figure 3.11). The mechanism of the readout varies from one monitor to another-it may be a measurement of a small electrical current or measurement of light produced in a chemical reaction. Depending on the reading on any given day, a diabetic person may need to receive an injection of insulin or simply limit his or her intake ofsugar-rich foods for a while. 

	Sect
	Artifact
	• Figure 3.11 Glucose meter. 
	• Figure 3.11 Glucose meter. 


	Interconverting Masses and Moles 

	Conve · f _,
	rs1ons o mass to moles and of moles to mass are frequently encountered in Cillculations using the mole concept. These calculations are simplified using dimensional analysis (Section 1.6), as shown in Sample Exercises 3.10 and 3.11. 
	-

	p 
	96 
	96 

	CHAPTER 3 Chemical Reactions and Reaction Stoichiometry 
	-
	..
	..
	SAMPLE . G s to Moles 
	EXERCISE 3.10 Converting ram ½ H o.) 111 S.380 g ofC.H12O,.
	(

	12
	Calculate the number ofmoles ofglucose 
	SOLUTION . . 
	s of a sub lance and 11s chemical formula and asked
	Analyze We arc given the number o f gram ID calculate the number of moles. . 'd s the factor for converting grams to moles. The
	Plan The molar mass ofa substance prov, e Ex . e ) molar mass ofCHO6 is 180.0 g/ mol (Samp e I ems · · . . _ c H o to write the appropriate conversion factor, we'-
	3 
	9
	6
	12
	-

	Solve Using 1 mol C6H12O6 -180 0 . g 6 12 6 ·
	-

	1 mol C,Hu06 ) = 0.02989 molC6H12O 
	Moles C6H12O6 = (5.380g..Ggl-ifi{J;) ( 180.0gGH,i0, 6 
	6

	. h th molar mass an answer less than 1 mol is reasonable. The
	Check Because 5.380 g 1s css 1 I an e ' . fl 
	. . . Th · · I data had four significant 1gures, so our answer has four 
	unit mol 1s appropriate. e ongma significant figures. 
	Practice Exercise 1 How many moles of sodium bicarbonate (NaHCOJ) are in 508 g ofNaHCOi 
	Practice Exercise 2 How many moles ofwater are in 1.00 L ofwater, whose density is 1.00 g/mU 
	SAMPLE EXERCISE 3.11 Converting Moles to Grams 
	Calculate the mass, in grams, of0.'133 mo! ofcalcium nitrate. 
	SOLUTION 
	Analyze We are given the number of moles and the name ofa substance and asked to calculate 
	the number ofgrams in the substance. 
	Plan To convert moles to grams, we need the molar mass, which we can calculate using the 
	chemical formula and atomic weights. 
	Solve Because the calcium ion is eai+ and the nitrate ion is NOJ-, the chemical formula for calcium nitrate is Ca(NOJh-Adding the atomic weights ofthe elements in the compound gna a formula weight of 164.1 amu. Using 1 mol Ca(NOJh = 164.1 g Ca(NOJ)to write the appro­
	2 

	priate conversion factor, we have 
	Artifact
	Check The number ofmoles is less than I, so the number ofgrams must be less than the molar mass, 164.1 g. Using rounded numbers to estimate, we have 0.5 x 150 = 75 g, which means the magnitude of our answer is reasonable. Both the units (g) and the number ofsignificant figures 
	(3) are correct. 
	Practice Exercise 1 
	What 1s the mass, in grams, of(a) 6.33 mol ofNaHCOand (b) 3.0 X 10-s mol of sulfuric acid? 
	3 

	Practice Exercise 2 
	What IS the mass, in grams, of(a) 0.50 mol ofdiamond (C) and (b) 0.155 mol of ammonium chloride? 

	Interconverting Masses and Numbers of Particles 
	The mole concept provides the bridge between mass and number ofparticles. To illus­trate how this bridge works, let's calculate the number ofcopper atoms in an old copper penny. Such a penny has a mass ofabout 3 g, and for this illustration we will assume ii 
	is 100% copper: 
	SECTION 3.4 Avogadro's Number and the Mole 
	SECTION 3.4 Avogadro's Number and the Mole 
	~ GO FIGURE 

	What number would you use to convert (a} moles of CH4 to grams of CHand (bl number of molecules of CHto moles of CH4? 
	4 
	4 

	Use 
	Use 
	r-

	Use 

	Grams .__ molar --+ Moles 
	Grams .__ molar --+ Moles 
	Avogadro's --+ Formula unitsj 
	mass 
	mass 
	number 


	• Figure 3.12 Procedure for interconverting mass and number of formula units. The number of moles of the substance is central to the calculation. Thus, the mole concept can be thought of as the bridge between the mass of a sample m grams and the number of formula units contained in the sample. 
	23 
	23 

	Cu atoms = (s-€6)( I X 10 Cu atoms) 
	3 
	mel-eu)(6.02 

	63.5 g..etr I mel-eu 
	3 X 10Cu atoms 
	3 X 10Cu atoms 
	= 
	22 


	We have rounded our answer to one significant figure because we used only one signif­icant figure for the mass ofthe penny. Notice how dimensional analysis provides a straight­forward route from grams to numbers ofatoms. The molar mass and Avogadro's number are used as conversion factors to convert grams to moles and then moles to atoms. Notice also that our answer is a very large number. Any time you calculate the number ofatoms, molecules, or ions in an ordinary sample of matter, you can expect the answer
	The general procedure for interconverting mass and number of formula units (atoms, molecules, ions, or whatever else is represented by the chemical formula) is summarized in .a. Figure 3.12. 
	SAMPLE 
	SAMPLE 

	EXERCISE 3.12 Calculating Numbers of Molecules and Atoms from Mass 
	(a) 
	(a) 
	(a) 
	(a) 
	How many glucose molecules are in 5.23 g ofC6H12O6? 

	(b) 
	(b) 
	How many oxygen atoms are in this sample? 


	SOLUTION 

	Analyze We are given the number ofgrams and the chemical formula ofa substance and asked to calculate (a} the number ofmolecules and (b) the number ofO atoms in the substance. 
	Plan (a} The strategy for determining the number ofmolecules in a given quantity of a substance is summarized in Figure 3.12. We must convert 5.23 g to moles ofC6H12O6and then convert moles to molecules ofCHO. The first conversion uses the molar mass of¼H12O6, 180.0 g, and the second conversion uses Avogadro's number. 
	6
	12
	6

	Solve Molecules C
	Solve Molecules C

	6126 23 
	H
	O

	( Im~)(6.02 X 10 molecules C6H120 6)
	= (

	5
	5
	5
	5
	_

	23 


	~) 180.0~ I~ 
	1.75 X 10molecules C6H12O6 
	1.75 X 10molecules C6H12O6 
	= 
	22 


	eck Because the mass we began with is less than a mole, there should be fewer than 
	th

	6
	6

	-02 X 1Q2molecules in the sample, which means the magnitude ofour answer is reasonable. Aballpark estimate ofthe answer comes reasonably close to the answer we derived in this exer­
	3

	21
	21
	10


	ci~e· 5/200 = 2.5 X 10-2mol; (2.5 X 10-2)(6 X 10) = 15 X = 1.5 X 10molecules. 
	23
	22 

	The units (molecules) and the number ofsignificant figures (three) are appropriate. 
	~Ian (b) To determine the number ofO atoms, we use the fact that there are six O atoms in each 
	( ,HuO6 molecule. Thus, multiplying the number ofmolecules we calculated in (a) by the factor
	6
	6

	atoms 0/1 molecule CHO) gives the number ofO atoms. Solie 
	6
	12
	6

	,, )( 6atomsO )
	AtomsO = (1.75 X l<r'..m.ole~ --•---•~ 
	~ 60J2V 6 
	= 1.05 X lo" atoms 0 
	= 1.05 X lo" atoms 0 

	CHAPTrR 3 Chemical Reactions and Reaction Stoichiometry 
	. . as the ·inswcr to part (a), exactly what it should be Th 
	. . as the ·inswcr to part (a), exactly what it should be Th 
	1
	Check The answer is six 11mcs as argc d h ~mits (atoms O) arc correct. · ' number of signifkant figures (three) an c 
	I 

	Practice Exercise 1 
	Cl 1 ( ) 4 77 X 10, (b) 7.34 X 10,
	22
	24

	4 · a · 
	Howmanychlorinc ato111sarcin 12.2gofC 

	23
	(c) 1.91 X 10, (d) 2.07 X 10, 
	23

	Practice Exercise 2 
	(a) 
	(a) 
	(a) 
	How many nitric acid molecules are in 4.20 g of HNO/ 

	(b) 
	(b) 
	How many O atoms arc in this sample? 


	Given: 
	Assume 
	Mass % 
	100-g _.
	elements 
	sample 
	3.5 IEmpirical Formulas from Analyses 
	As we learned in Section 2.6, the empirical formula for a substance tells us the relative number of atoms ofeach element in the substance. The empirical formula H20 shows that water contains two H atoms for each O atom. This ratio also applies on the molar level: I mo! of H0 contains 2 mo! of H atoms and I mo! of O atoms. Conversely, tht 
	2

	ratio of the numbers ofmoles ofall elements in a compound gives the subscripts in the compound's empirical formula. Thus, the mole concept provides a way of calculating empirical formulas. 

	Mercury and chlorine, for example, combine to form a compound that is measured to be 74.0% mercury and 26.0% chlorine by mass. Thus, if we had a 100.0-g sample of the compound, it would contain 74.0 g of mercury and 26.0 g of chlorine. (Samples ofany size can be used in problems of this type, but we will generally use 100.0 g to simplify the calculation ofmass from percentage.) Using atomic weights to get molar masses, we can calculate the number of moles of each element in the sample: 
	(74.0 g-Hg)( mo!~) = 0.369 mo! Hg
	(74.0 g-Hg)( mo!~) = 0.369 mo! Hg
	1 

	200.6 g g 
	1 molCI)
	(26.0 g-eI)( g-CI = 0.732 mo! Cl 
	355 
	_


	We then divide the larger number of moles by the smaller number to obtain the Cl:Hg mole ratio: 
	moles ofCl 0.732 mo! Cl 1.98 mo!CI 
	moles ofCl 0.732 mo! Cl 1.98 mo!CI 
	= ----
	-

	moles of Hg 0.369 mo! Hg 1 mo! Hg 

	Because ofexperimental errors, calculated values for a mole ratio may not be whole numbers, as in the calculation here. The number 1.98 is very close to 2, however, and so we can confidently conclude that the empirical formula for the compound is HgCl2, The empirical formula is correct because its subscripts are the smallest integers that express the ratio of atoms present in the compound. cx:c, (Section 2.6) 
	The general procedure for determining empirical formulas is outlined in • Figure 3.13. 
	Find: 
	Find: 
	Use 

	Grams of Moles of --+ Calculate --+ Empirical 
	--+ molar --.
	--+ molar --.

	each element each element mole ratio formula 
	mass 
	mass 
	D 

	• Figure 3.13 Procedure for calculating an empirical formula from percentage composition. 
	SF.CTION 3 5 Empmcal Formulas from Analyses 
	SF.CTION 3 5 Empmcal Formulas from Analyses 
	99 
	Give It Some Thought 
	"L-


	could the empincal formula determined from chemical analysis be used to tell the difference between acetylene, C2H2, and benzene, cH7
	66 
	66 
	sAMPLE 

	EXERCISE 3.13 Calculating an Empirical Formula 
	~,..:orb1c aud (v1t,11nin C) c~111t,1ins 40.92% C, 4.58% H, and 54.50% 0 by mass. What is the .( al fornml,1 of.,~corb1c ,icld? 
	cn1plrl
	SOLUTION 
	Analyze We are to determine the empirical formula ofa compound from the mass percentages of , elements. 
	11

	Plan The strategy for determining the empirical formula involves the three steps given in 
	Hgun: 3.13. 
	solve 
	(I) For simplicity we assume we have exactly 100 g ofmaterial, although any other mass could Jlso be used. 
	Assume 
	Assume 
	5

	J-+
	--+ 100-g ~ Moles of --+ Calculate ~ Empirical 
	Mass 
	0 
	o 
	Grams of Ue 

	each element mola r ~
	elements each ell'ment mole ratio formul.1 
	sample 
	sample 
	m a~~ 

	In I00.00 g ofascorbic acid we have 40.92 g C, 4.58 g H, and 54.50 g O. 
	(l) Next we calculate the number ofmoles ofeach element. We use atomic masses with four s,gnificant figures to match the precision ofour experimental masses. 
	A:,suml' \fa:,s % Grams of ~ Use Moles of L Calculate ~ 
	--+ 100-g
	--+ 100-g
	dt>ments 
	sample 
	Moles C = Moles H = Moles O = 
	~ 
	each element 
	I mole)
	(40.92 g-C) n.r = 
	( 

	12.0115~ 
	mol C)
	( 
	I

	(4.58 g,M) f'f = 
	1.008 g-I molO)
	-

	( 54.50 g-0) =
	( 
	16.00 g-0 
	Empirical 
	Empirical 
	Empirical 
	Empirical 
	molar ~ 

	each element J ·mole ratio formula 

	mass 


	3.407 
	3.407 
	3.407 
	mol C 

	4.54 
	4.54 
	mol H ' 


	3.406 mol 0 
	(3) We determine the simplest whole-number ratio ofmoles by dividing each number ofmoles by the smallest number ofmoles. 
	Assume Use
	\!Js:,% Grams of Moles of 4 Calculate --+ Empirical
	--+ 100-g ~ -+ molar ~ 
	elements each element each element J mole ratio formula 
	sample ma~~ 
	3.407 4.54 3.406 
	C:--= 1.000 H:--= 1.33 0:--= 1.000 
	3.406 3.406 3.406 
	The ratio for H is too far from I to attribute the difference to experimental error; in fact, it is quite close to I}. This suggests we should multiply the ratios by 3 to obtain whole numbers: 
	C: H:0 = (3 X 1:3 X 1.33:3 X I)= (3:4:3) 
	Thus, the empirical formula is CHO• 
	Thus, the empirical formula is CHO• 
	3
	4
	3


	Cht'ck It is reassuring that the subscripts are moderate-size whole numbers. Also, ca_culating the percentage composition of CH.iOgives values very close to the ongina) percentages. 
	3
	3 

	Sect
	Artifact

	Artifact
	100 l HAPl r-,~ 3 Chemical Reactions and Reaction Stoichiometry 
	P1 nctice Exercise 1 unplc ofphmgenc, a compound used as a chemical warfare agent during World
	P1 nctice Exercise 1 unplc ofphmgenc, a compound used as a chemical warfare agent during World
	2 144 5 
	2 144 5 
	A 
	g 

	''. ofc•rbon o347 g ofoxygen, and 1.537 g ofchlorine. What is th•
	1


	\\ar 1, cun ,1111s 0•260 g " • · I ) c o ' 
	' 
	· 

	empirical formul,1 of this substance? (n) COiC16, (b) COC 2, (c 0022 0022Clo04~, (d) C0CJ
	2
	2
	2 

	Practice Exercise 2 A _.g sample of methyl benzoalc, a compound used in the manufacture o: perfumes, contains 3.758 g of carbon, 0.316 g of hydrogen, and 1.251 g ofoxygen. What is the empirical 
	5
	325

	formula of this substance? 

	Molecular Formulas from Empirical Formulas 
	We can obtain the molecular formula for any compound from its empirical formula if we know either the molecular weight or the molar mass of the compound. The sub. scripts in the molecular formula ofa substance ~re always _whole-~mmber multiples of the subscripts in its empirical formula. oex> (Section 2.6) T~1s multiple can be found by dividing the molecular weight by the empirical formula weight: 
	molecular weight Whole-number multiple = [3.1)] 
	molecular weight Whole-number multiple = [3.1)] 
	empirical formula weight 


	In Sample Exercise 3.13, for example, the empirical formula of ascorbic acid was de­termined to be CH0. This means the empirical formula weight is 3(12.0amu) + 4(1.0 amu) + 3(16.0 amu) = 88.0 amu. The experimentally determined molecular weight is 176 amu. Thus, we find the whole-number multiple that converts the empiri­cal formula to the molecular formula by dividing 
	3
	4
	3

	molecular weight 176 amu Whole-number multiple = . . , . ht ----= 2 
	molecular weight 176 amu Whole-number multiple = . . , . ht ----= 2 
	ernpmca1,ormu1a we1g 88.0amu 

	Consequently, we multiply the subscripts in the empirical formula by this multiple, giv­ing the molecular formula: CH0 . 
	6
	8
	6

	SAMPLE 
	EXERCISE 3,14 Determining a Molecular Formula 
	Mesitylene, a hydrocarbon found in crude oil, has an empirical formula of CJii and an experi­mentally determined molecular weight of 121 amu. What is its molecular formula? 
	3

	SOLUTION 
	Analyze We are given an empirical formula and a molecular weight ofa compound and asked to 
	determine its molecular formula. Plan The subscripts in a compound's molecular formula are whole-number multiples of the sub­scripts in its empirical formula. We find the appropriate multiple by using Equation 3.11. 
	Solve The formula weight of the empirical formula CJii is 3(12.0amu)+4(1.0amu) = 40.0amu Next, we use this value in Equation 3.11: 
	3

	molecular weight J21 
	molecular weight J21 
	Whole-number multiple = . . = --= 3.03 empmcal formula weight 40.0 

	Only whole-number ratios make physical sense because molecules contain whole atoms. The 
	3.03 in this case could result from a small experimental error in the molecular weight. We there· fore multiply each subscript in the empirical formula by 3 to give the molecular formula: CgH12, 
	Check We can have confidence in the result because dividing molecular weight by empirical for­mula weight yields nearly a whole number. 
	Practice Exercise 1 
	Cyclohexane, a commonly used organic solvent, is 85.6% C and 14.4% H by mass with a molar mass of84.2 g/mol. What is its molecular formula? (a) CH, (b) CH, (c) CH, (d) CH, (e) CHs,
	6
	2
	24
	12
	4

	56
	56

	• 
	SECTION 3.5 Empirical Formulas from Analyses 101 
	SECTION 3.5 Empirical Formulas from Analyses 101 
	practice Exercise 2 

	Fth,·knc gly~ol, uml m autom~bilc_antifrccze'. i~ 38.7% C, 9.7% H, and S1.6% o by mass. Its IS 62.1 rmol. (a)\\ hat IS the empmcal formula of ethylene glycol? (b) What is its nlClkcular formula. 
	111ol,1r nm~~

	Sample combusted, 
	Sample combusted, 

	~20 and CO2 are trapped
	producing COand HO 
	producing COand HO 
	2 
	2


	m separate absorbers 
	\ -Furnace H2O absorber CO2absorber 
	Mass gained by each absorber corresponds to mass of CO2 or H2O produced 
	.A. Figure 3.14 Apparatus for combustion analysis. 
	Combustion Analysis 
	Combustion Analysis 

	One technique for determining empirical formulas in the laboratory is combus­tion analysis, commonly used for compounds containing principally carbon and hydrogen. 
	When a compound containing carbon and hydrogen is completely combusted in an apparatus such as that shown in • Figure 3.14, the carbon is converted to COand the hydrogen is converted to H2O. a:c (Section 3.2) The amounts of COand HO produced are determined by measuring the mass increase in the CO2 and H0 absorb­ers. From the masses of CO2 and H20 we can calculate the number of moles of C and Hin the original sample and thereby the empirical formula. If a third element is present in the compound, its mass ca
	2 
	2 
	2
	2

	SAMPL E EXERCISE 3.15 Determining an Empirical Formula by Combustion Analysis 
	lsopropyl alcohol, sold as rubbing alcohol, is composed ofC, H, and 0. Combustion of0.25S g of isopropyl alcohol produces 0.561 g ofCO2 and 0.306 g of H20. Determine the empirical formula of isopropyl alcohol. 
	SOLUTION 
	Analyze We are told that isopropyl alcohol contains C, H, and O atoms and are given the quan­tities of CO2 and H20 produced when a given quantity of the alcohol is combusted. We must determine the empirical formula for isopropyl alcohol, a task that requires us to calculate the number of moles ofC, H, and O in the sample. 
	Plan We can use the mole concept to calculate grams of C in the CO2 and grams of H in the H20t~c masses ofC and H in the alcohol before combustion. The mass of O in the compound equals ~emass of the original sample minus the sum of the C and H masses. Once we have the C, H, and 
	-

	masses, we can proceed as in Sample Exercise 3.13. 
	masses, we can proceed as in Sample Exercise 3.13. 

	Sol;e Because all of the carbon in the sample is converted to CO, we can use dimensional ana ysis and the following steps to calculate the mass C in the sample. 
	2

	Molar 1 C atom Molar
	Massco 
	Massco 

	2 Moles COMoles of C --+ C _. Mass C in 
	2 

	produced ._. mass CO_. --+ per CO--+ . . mass . . al 
	2
	2 

	prod uce d molecule ongmasampe g/ mol ongm sampe
	1
	1
	0 
	1

	44.0 g/mol 12
	_

	Sect
	Artifact

	102 C'HArll n 3 Chemical Reactions and Reaction Stoichiometry 
	Mol.ir
	Mol.ir
	Ma~s H0 
	2

	-+ mass 1-10 -+
	2

	produced 
	18.0 g/mol 

	Using the values given in this example, the mass ofC is lmol C(J;)( lmolC )(12.0gC) Grams C = ( 0.561 g.COi)( g-CO: I mol:-C(]z I mol C
	0 

	44
	44
	_

	= 0.l53gC 

	llecausc all of the hydrogen in the sample is converted to H20 , we can use di~e~sional analysis ' ' . . t. the mass H in the sample. We use three significant figures~ 
	1 

	1
	1

	and the followmg steps to ca cu a c ' . h f H d d or 
	O 

	the atomic mass of H to match the significant figures mt e mass 2 pro uce · 
	O 

	Molar
	Molar
	2 H atoms I
	Moles H in ___. mass H -+

	Moles Hp _. per H 0 _.
	2 original samplej 1.01 g/mol
	2 original samplej 1.01 g/mol

	produced molecule 
	Sect
	Artifact

	Using the values given in this example, the mass of H is 
	I mol-HP)( 2 moli'J ) ( 1.01 g H ) Grams H = (0.306 g-HiO) ( g-HiO 1 n101--HO 1 moJ-H 
	I mol-HP)( 2 moli'J ) ( 1.01 g H ) Grams H = (0.306 g-HiO) ( g-HiO 1 n101--HO 1 moJ-H 
	0 
	2

	18
	_

	= 0.0343 g H 

	The mass ofthe sample, 0.255 g, is the sum ofthe masses of C, H, and 0. Thus, the O mass is 
	MassofO = massofsample -(massofC + massofH) 
	MassofO = massofsample -(massofC + massofH) 
	= 0.255 g -(0.153 g + 0.0343 g) = 0.068 g 0 

	The number ofmoles of C, H, and O in the sample is therefore 
	1 molC )
	1 molC )
	MolesC = (0.153g-C) ---= 0.0128mo1C
	( 
	12.0 g-C 
	1 molH)
	Moles H = (0.0343 g-1'{) ----;;::w: = 0.0340 mol H 
	( 
	( 
	1.0l 1p• 

	1mo!O)
	Moles O = (0.068 g-0) ---. = 0.0043 mol 0
	( 
	( 
	16.0 g-0 


	To find the empirical formula, we must compare the relative number of moles of each element in the sample, as illustrated in Sample Exercise 3.13. 
	C: 0.0128 = J.O H : 0.0340 = _O : 0.0043 = l.O
	C: 0.0128 = J.O H : 0.0340 = _O : 0.0043 = l.O
	7

	9 
	0.0043 0.0043 0.0043 

	The first two numbers are very close to the whole numbers 3 and 8, giving the empirical formula C3HsO. 
	Practice Exercise 1 The compound dioxane, which is used as a solvent in various industrial processes, is com­posed ofC, H, and O atoms. Combustion of a 2.203-g sample of this compound produces 
	Practice Exercise 1 The compound dioxane, which is used as a solvent in various industrial processes, is com­posed ofC, H, and O atoms. Combustion of a 2.203-g sample of this compound produces 
	4.401 g CO2and 1.802 g H2O. A separate experiment shows that it has a molar mass of 
	88.1 g/ mol. Which ofthe following is the correct molecular formula for dioxane? (a) C2H.iO, (b) C4HP2, (c) CH2, (d) C4HsO2. 
	Practice Exercise 2 
	(a) Caproic acid, responsible for the odor ofdirty socks, is composed ofC, H, and O atoms. Combustion ofa 0.225-g sample ofthis compound produces 0.512 g CO2and 0.209 g HzO. What is the empirical formula ofcaproic acid? (b) Caproic acid has a molar mass of 116 g/mol What is its molecular formula? 
	Give It Some Thought 
	In Sample Exercise 3.15, how do you explain that the values in our calculated 
	C:H:0 ratio are 3.0:7.9:1.0 rather than exact integers 3:8:1? 

	SECTION 3.6 Quantitative Information from Balanced Equations 103 
	1 Quantitative Information 
	6 

	3. from Balanced Equations 
	fcients in a chemical equation represent the relative numbers of molecules 
	t

	·~,-,ll<' I I II
	1

	·fon. Tht: mo e concept a ows us to convert this information to the masses 
	, r,•,1, I • I . F . 
	, r,•,1, I • I . F . 

	1n • • hstances 111 t 1e reaction. or mstance, the coefficients in the balanced
	.,rthe ~u · ' 
	,-.iu,1tioll 
	[3.12) 
	Artifact

	. t that two molecules of H2 react with one molecule ofoto form two molecules 111Ji,J e h h I . b f I 
	2 

	. It follows t at t e re ahve num ers o mo es are identical to the relative num­
	0 

	,,r H: . 
	i,.,rs of1110iecules: 
	2Hz(g) + 02(g) 2 H20(1) 
	-
	l molecule
	l molecule

	2molecules 2 molecules 
	!(.x 10molecules) I ( 6.02 X 10molecules) 2(6.02 X 10molecules) 
	6
	02 
	23 
	23 
	23 

	l mol
	l mol

	2 mol 2mol 
	, cangeneralize this observation to all balanced chemical equations: The coefficients 
	1
	':balanced chemical equation indicate both the relative numbers ofmolecules (or for­:ula units) in the reaction and the relative numbers ofmoles. T Figure 3.15 shows how ibis result corresponds to the law ofconservation ofmass. 
	The quantities 2 mo! H2, l mo! 02, and 2 mol H20 given by the coefficients in Euation 3.12 are called stoichiometrically equivalent quantities. The relationship be­l\lqeen these quantities can be represented as 
	Artifact
	~here the "" symbol means "is stoichiometrically equivalent to." Stoichiometric rela­uons such as these can be used to convert between quantities of reactants and prod­ucts in a chemical reaction. For example, the number of moles of H20 produced from 
	1.57 mol of02 is 
	Artifact
	Chemical 
	+
	+

	tquation: 
	-
	Sect
	Artifact

	2 molecules Hl molecule 02 2 molecules H20
	2 

	\folecular 
	interpretation: Mole-level 
	-
	-
	Artifact

	1 mo! 0 2

	interpretation: 
	Sect
	Artifact

	32.0 g 02 Notice the conservation ofmass (4.0 g + 32.0 g = 36.0 g) 
	4figure 3.15 . 
	Interpreting a balanced chemical equation quantitatively. 
	Artifact
	104 CHAPTER 3 Chemical Reactions and Reaction Stoichiometry 
	Give It Some Thought 
	Give It Some Thought 
	When 1.57 mol 02 reacts with H2 to form H20, how many moles of H2 are 
	consumed in the process? 
	As an additional example, consider the combustion of butane (C4H10), the fuel in 
	disposable lighters: 2 CH(1) + 13 Oz(g) -8 C02(g) + H20(g) [3.13] 
	4
	10
	10 

	Let's calculate the mass of COproduced when 1.00 g of C4H10 is burned. The coef. ficients in Equation 3.13 tell us how the amount of C4H10 consum~d is ~el~ted to the amount of coproduced: 2 mol C4H10 "" 8 mo! CO2. To use this sto1ch1omet­ric relationship, we must convert grams of C4 H10 to moles using the molar mass of 
	2 
	2 

	C4H10, 58.0 g/ mol: 
	I mol C4H10 ) Moles C4H1o = (1.00 g-(¼Hio)( _~ 
	58
	0 

	= 1.72 X 10-mo! C4H10 
	2

	We then use the stoichiometric factor from the balanced equation to calculate moles 
	ofCO2: 
	_2 ( 8molCO2 ) 
	MolesCO2 = (l.72 X 10 ~) , ~ 
	2 lllQM:.4n10 
	= 6.88 X 10-mol CO2 
	2


	Finally, we use the molar mass of CO2, 44.0 g/ mol, to calculate the CO2 mass in grams: 
	44.0 g CO2)
	44.0 g CO2)
	44.0 g CO2)
	44.0 g CO2)
	Grams CO2 = ( 6.88 X 10-m0l-eCJi) 
	2 


	( 

	lmel-eo; 
	= 3.03 gCO2 

	This conversion sequence involves three steps, as illustrated in 'Y Figure 3.16. These three conversions can be combined in a single equation: 
	Grams CO= (1.00 ~)(l lllQl--€:iHi'o)( mel-eo; )(.o g CO2) 
	Grams CO= (1.00 ~)(l lllQl--€:iHi'o)( mel-eo; )(.o g CO2) 
	2 
	8 
	44

	58.0 ~ 2 ~ I~ 
	= 3.03 gCO2 
	To calculate the amount of 0 2 consumed in the reaction of Equation 3.13, we 

	again rely on the coefficients in the balanced equation for our stoichiometric factor, 
	2 mol C4H10 "" 13 mo! 02: 
	Given: Find: 
	Grams of I Use Moles of Use coefficients Moles of Use Grams of substance A r molar--+ substance A --+ from balanced --+ substance B __,. molar --+ substance B
	J mass of A equation mass of B 
	D B 
	11 
	11 

	• Figure 3.16 Procedure for calculating amounts of reactants consumed or products formed in a reaction. The number of grams of a reactant consumed or product formed can be calculated in three steps, starting with the number of grams of any reactant or product. 
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	SECTION 3.6 Quantitative Information from Balanced Equations 105 

	Grams 02 = (1.00 ~)(I mol-€;j~)( 13 mol-()i )(32.0 g 02) 
	58.0 ~H10 2 mol-€;jHiij I moJ-Oi = 3.59 g02 
	'°L_ Give It Some Thought 
	In the previous example, 1.00 g of C4H10 reacts with 3.59 g of oto form 
	2 

	3.03 g of CO2, Using only addition and subtraction, calculate the amount of H0 produced. 
	2

	SAMPLE 
	EXERCISE 3.16 Calculating Amounts of Reactants and Products 
	Deiermine how many grams ofwater are produced in the oxidation of1.00 g ofglucose, CHO: 
	6
	12
	6

	C6H1i06(s) + 6 02(g) ----+ 6 C02(g) + 6 Hp(/) 
	SOLUTION 
	Analyze We are given the mass ofa reactant and must determine the mass ofa product in the given reaction. 
	Plan We follow the general strategy outlined in Figure 3.16: 
	(I) 
	(I) 
	(I) 
	Convert grams ofC6H12O6 to moles using the molar mass ofC6H12O6. 

	(2) 
	(2) 
	Convert moles ofC6H12O6 to moles ofH2O using the stoichiometric relationship I mol C6H12O6 "" 6 mo! H2O, 

	(3) 
	(3) 
	Convert moles ofH2O to grams using the molar mass ofH2O. 


	Solve 
	(I) First we convert grams ofC6H12O6 to moles using the molar mass ofC6H12O6• 
	Use M Use coefficients
	Grams of o eso Moles of Use Grams of
	1 
	1 
	~ 


	molar--+ b t A from balanced --+ 
	substance B --+ molar --+
	substance B --+ molar --+
	substance A 

	mass of A su s ance equation mass of 8 substance B 
	I mol C6H1i06 ) (
	I mol C6H1i06 ) (
	I mol C6H1i06 ) (
	MolesC6H12O6 = (LOO~) ~ 

	1800 
	_


	() Next we convert moles ofCH12O6 to moles ofH20 using the stoichiometric relationship I mol C6H1i06 "" 6 mol H2O. 
	2
	6

	Grams of Use Moles of Use coefficients Moles of Use Grams of sub,tance A --+ molar--+ substance A r-+ from bal~nced --+ substance B --+ molar --+ substance B mass of A ----equation mass of B 
	M I H O _ ( ( 1 moJ.-C~ ) ( 6 mol Hp )
	oes 2 -l.00~) 180.0~ Imo~ 
	(J) Finall
	Y, we convert moles ofHO to grams using the molar mass of HO. 
	2
	2

	Grarn, of Use Moles of Use coefficients Moles of Use Grams of sub,tJnce A _,.. molar--+ --+ from balanced --+ --+ molar --+ 
	mass of A substance A equation substance B mass of B substance B 
	Grams HO = ()(Imo~~)( 6mal-Hi0 )(l8.0gH20) 180.0gCirH~ Imo~ lmal-HiO 
	2
	l.OOg~

	Check\\' li10. Bee; can check how reasonable our result is by doing a ballpark estimate ofthe mass of lllol ofgl~:e molar mass ofglucose is 180 g/mol, I g ofglucose equals I /180 mol. Because \·atense )~elds 6 mol H2O, we would have 6/ 180 = 1/ 30 mo) HO. The molar mass of calcu!ati.,n\;:1°, so we have 1/ 30 X 18 = 6/ 10 = 0.6 g ofH2O, which agrees with the full lhrcts1gnuh ne ~nits, grams H2O, are correct. The initial data had three significant figures, so 
	1
	th
	118 
	2
	1

	Sect
	Artifact
	"' t llgures for the answer is correct. 
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	Sect
	Artifact

	Practice Exercise 1 
	'th carbon di'o'l:ide to form sodium carbonate and water:
	'th carbon di'o'l:ide to form sodium carbonate and water:

	Sodium I1ydroxide reacts w1 2 NaOH(s) +COz(g) __.. Na2COJ{s) + H20(l) I low many grams ofN,1COcan br prepared from 2.40 g ofNaOH? (a) 3.18 g, (b) 6.36 g.
	2

	3 
	3 

	(c) 1.20 g, (d) 0.0300 g. 
	Practice Exercise 2 
	Decomposition ofKCIOis sometimes used to prepare small amounts ofO2 in the laboratory: 2KCIOJ(s) __. 2KCl(s) + 3O(g).HowmanygramsofO2canbepreparedfrom 4.S0g ofKCIO,? 
	3 
	2

	SAMPLE 
	EXERCISE 3.17 Calculating Amounts of Reactants and Products 
	Solid lithium hydroxidr is used in space vehicles to re1~1ove the carbo_n d_io~de gas exhaled by astronauts. The hydroxide reacts with the carbon dioX1de to form sohd lithium ~ar_bonatc and liquid water. How many grams ofcarbon dioxide can be absorbed by 1.00 g ofhth1um hydroxide? 
	SOLUTION 
	Analyze We are given a verbal description ofa reaction and asked to calculate the number of grams ofone reactant that reacts with 1.00 g of another. 
	Plan The verbal description of the reaction can be used to write a balanced equation: 
	Sect
	Artifact

	We are given the mass in grams ofLiOH and asked to calculate the mass in grams ofCO2• We can accomplish this with the three conversion steps in Figure 3.16. The conversion ofStep 1 requires the molar mass ofLiOH (6.94 + 16.00 + 1.01 = 23.95 g/mol). The conversion ofStep 2 is based on a stoichiometric relationship from the balanced chemical equation: 2 mo! LiOH "" mo! CO• For the Step 3 conversion, we use the molar mass ofCO2 12.01 + 2( 16.00) = 44.01 g/ mol. 
	2

	Solve 
	Solve 
	I m<»-1:i{)H )( I moI-eOi )(44.01 g CO2) 
	( 919
	( I.OO g-1,ie)H) 23.95 g-biOO 2 mol-bOH 1mol-eCJ; = ·g CO2 
	0


	Check Notice that 23.95 g LiOH/ mol = 24 g LiOH/ mol, 24 g LiOH/ mol X 2 mo! LiOH = 48 g LiOH, and ( 44 g CO2/mo!)/(48 g LiOH) is slightly less than I. Thus, the magnitude of our answer, 0.919 g CO2, is reasonable based on the amount ofstarting LiOH. The number ofsignificant figures and units arc also appropriate. 
	Practice Exercise 1 
	Propane, C3H8 (Figure 3.8), is a common fuel used for cooking and home heating. What 
	mass of0 2 is consumed in the combustion of 1.00 g ofpropane? (a) 5.00 g, (b) 0.726 g, 
	(c) 2.18 g, (d) 3.63 g. 
	Practice Exercise 2 
	Methanol, CH3OH, reacts with oxygen from air in a combustion reaction to form water and 
	carbon dioxide. What mass ofwater is produced in the combustion of23.6 g ofmethanol? 
	3.7 ILimiting Reactants 
	Suppose you wish to make several sandwiches using one slice ofcheese and two slices of bread for each. Using Bd = bread, Ch = cheese, and BdCh = sandwich, the recipe for making a sandwich can be represented like a chemical equation: 
	2

	2Bd + Ch -Bd2Ch 
	2Bd + Ch -Bd2Ch 

	Ifyou have ten slices ofbread and seven slices ofcheese, you can make only five sand­wiches and will have two slices ofcheese left over. The amount of bread available limits the number ofsandwiches. 
	SECTION 3.7 Limiting Reactants 107 
	SECTION 3.7 Limiting Reactants 107 
	GO FIGURE 

	• h amount of H2 is doubled, how many moles of H20 would have formed?
	If I e · 
	Before reaction After reaction • 
	, figure 3.17 Limiting reactant. Because H2 is completely consumed, it is the limiting reactant. some 02 is left over after the reaction is complete, it is the excess reactant. The amount of Hz0 formed depends on the amount of limiting reactant, H2• 
	eecause 

	An analogous situation occurs in chemical reactions when one reactant is used up before the others. The reaction stops as soon as any reactant is totally consumed, leav­ing the excess reactants as leftovers. Suppose, for example, we have a mixture of 10 mol Hi and 7mol 0 2, which react to form water: 
	2 Hi(g) + 0i(g) -2 H20(g) Because 2mol H2 .,, mol 02, the number ofmoles of0needed to react with all the His 
	2
	2

	Moles 0 2 = ( 10 meHii)G=)= 5mo! 02 
	Because 7 mol 02 is available at the start of the reaction, 7 mol 02 -5 mol 02 = 2mo! 0is still present when all the H2 is consumed. 
	2 

	The reactant that is completely consumed in a reaction is called the limiting reactant because it determines, or limits, the amount of product formed. The other reactants are sometimes called excess reactants. In our example, shown in .& Figure 3.17, Hi is the limiting reactant, which means that once all the H2 has been consumed, the reaction stops. At that point some of the excess reactant 02 is left over. 
	There are no restrictions on the starting amounts of reactants in any reaction. In­deed, many reactions are carried out using an excess of one reactant. The quantities of reactants consumed and products formed, however, are restricted by the quantity of the limiting reactant. For example, when a combustion reaction takes place in the open air, oxygen is plentiful and is therefore the excess reactant. Ifyou run out of gasoline ~hile driving, the car stops because the gasoline is the limiting reactant in the 
	Before we leave the example illustrated in Figure 3.17, let's summarize the data: 
	Artifact
	Before reaction: 
	Before reaction: 
	Before reaction: 
	IO mo! 
	7mol 
	Omo! 

	Change (reaction): 
	Change (reaction): 
	-IO mo! 
	-Smol 
	+IO mo! 

	After reaction: 
	After reaction: 
	Omo! 
	2mol 
	IO mo! 


	surn~h~ second !ine in the table (Change) summarizes the amounts of reactants con­Product7,here th~s consumption is indicated by the minus signs) and the amount of the tity of th or~e_d,(indicated by the plus sign). These quantities are restricted by the quan­l'he tnol e h~iting reactant and depend on the coefficients in the balanced equation. halancede ratio ~2:O2:H2O = 10:5:10 is a multiple of the ratio of the coefficients in the and their etation, 2: 1:2. The after quantities, which depend on the before 
	2

	"Rat rem · . 
	"Rat rem · . 

	ams 1s 2 mo! 0 2 (excess reactant) and 10 mo! HO (product). 
	2

	Artifact
	Artifact
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	SAMPLE 
	SAMPLE 
	a Limiting Reactant

	EXERCISE 3.18 Calculating the Amount of Product Formed rom 
	f

	The most important commercial process for converting Nfrom the air into nitrogen-containing compounds is based on the reaction ofN2 and H2 to form ammonia (NH3): N2(g) + 3 Hi(g) --+ 2 NHJ(g) How mall)' moles ofNHcan be formed from 3.0 mol ofN2 and 6.0 mo! ofHi? 
	2 
	3

	SOLUTION 
	SOLUTION 

	Analyze Wl' are asked to calculate the number of moles of product, NH3, given the quantities of each reactant, N2 and H2, available in a reaction. This is a limiting reactant problem. 
	Plan If we assume one reactant is completely consumed, we can cal­culate how much ofthe second reactant is needed. By comparing the calculated quantity ofthe second reactant with the amount available, we can determine which reactant is limiting. We then proceed with the calculation, using the quantity of the limiting reactant. 
	Solve 
	Solve 

	The number ofmoles ofH2 needed for complete consumption of 
	3.0 mo! of N2 is 
	3.0 mo! of N2 is 
	3 

	MolesH2 = (3.0mo1-Ni)( mo~~) = 9.0molH2
	I men~2 
	I men~2 

	Because only 6.0 mol H2 is available, we will run out of H2 before the Nis gone, which tells us that H2 is the limiting reactant. Therefore, we use the quantity of H2to calculate the quantity of NH3 produced: 
	2 

	2mo! NH3) · 
	Moles NH3 = (6.0 me!-f'Ii) J-H:; = 4.0 mo! NH3
	( 
	( 
	3 mo 2 

	Comment It is useful to summarize the reaction data in a table: 
	Comment It is useful to summarize the reaction data in a table: 
	Notice that we can calculate not only the number of moleso Hl formed but also the number of moles ofeach r_e~ctant remaining af. tcr the reaction. Notice also that although the m1ttal (before) number of moles of H is greater than the final (after) number of moles of N, His neve~thelcss the limiting reactant because of its larger coef.
	2


	Artifact
	2 ficient in the balanced equation. 
	2 ficient in the balanced equation. 
	Check Examine the Change row of the summary table to see that the mole ratio of reactants consumed and product formed, 2:6:4, is a multiple of the coefficients in the balanced equation, 
	1:3:2. We confirm that H2 is the limiting reactant because it is completely consumed in the reaction, leaving O mo] at the end. Because 6.0 mol H2 has two significant figures, our answer has two significant figures. 
	Practice Exercise 1 
	When 24 mol of methanol and I 5 mol of oxygen combine 
	in the combustion reaction 2 CH30H(/) + 3 0 i(g) ---+ 
	2 C0 i(g)+4 HiO(g), what is the excess reactant and how 
	many moles ofit remains at the end ofthe reaction? 
	(a) 
	(a) 
	(a) 
	9 mol CHp H(I), (b) IO mo! C0 2 (g), 

	(c) 
	(c) 
	IO mol CH30H(/), (d) 14 mol CH30H(/), (e) I mol Oi(g). 


	Practice Exercise 2 
	(a) When I.SO mol ofAl and 3.00 mo] of Clcombine in the reaction 2 Al(s) + 3 Cl2(g) --+ 2 AlCIJ{s), which is the limiting reactant? (b) How many moles ofAIC1are formed? 
	2
	3 


	Before reaction: 
	Before reaction: 
	Before reaction: 
	3.0mol 
	6.0mol 
	Omo! 
	(c) How many moles of the excess reactant remain at the end of the reaction? 

	Change (reaction): 
	Change (reaction): 
	-2.0 mol 
	-6.0mol 
	+4.0 mol 

	After reaction: 
	After reaction: 
	1.0 mol 
	Omo] 
	4.0mol 


	SAMPLE 
	SAMPLE 

	EXERCISE 3.19 Calculating the Amount of Product Formed from a Limiting Reactant 
	The reaction 
	The reaction 

	Artifact
	is used to produce electricity in a hydrogen fuel cell. Suppose a fuel cell contains 150 g of H2(g) and 1500 g ofOi(g) (each measured to two significant figures). How many grams of water can form? 
	SOLUTION Using the molar mass ofeach substance, we calculate the number of moles ofeach reactant:
	Analyze We are asked to calculate the amount ofa product, given the amounts oftwo reactants, so this is a limiting reactant problem. I molH2)
	Plan To identify the limiting reactant, we can calculate the Moles H2 = (150 g--H;) --~ = 74 mo! H2
	( 
	( 
	( 
	2.02g-Hi


	number of moles of each reactant and compare their ratio with the ratio of coefficients in the balanced equation. We then use the 
	Imo! 0 2)
	Imo! 0 2)

	quantity of the limiting reactant to calculate the mass of water Moles02 = (l SOOg-E)i) ---= 47 mol02
	( 
	( 
	( 
	32.0 !J-0i 

	that forms. 

	Solve From the balanced equation, we have the stoichiometric relations The coefficients in the balanced equation indicate that the reaction requires 2 mol of H2 for every I mo! of0. Therefore, for all the Oz
	2

	2 mo! H2 "" mo! 0 2 "" 2 mo! H0 
	2 mo! H2 "" mo! 0 2 "" 2 mo! H0 
	2

	to completely react, we would need 2 X 47 = 94 mol ofH2, Since 

	-
	• 
	then· ,m· only 74 mol of H2, all of the 0 2cannot react, so it is the e~,e~~ rc.ict,11\t, and Hz must be the limiting reactant. (Notice that th<' hnuung rc.ictant is not necessarily the one present in the lowest 
	.1n1ount.) us,· the gi\'en quantity of H2 (the limiting reactant) to calculate the quanlll}' ofwater formed. We could begin this calculation with the gi\·cn Hmass. 150 g. but we can save a step by starting with the moles oiH:, 74 11101. we just calculated: 
	w,· 
	2 

	mol-H20)(18.0 g H,0)
	(2

	Grams HP = (74 moH-ti) -----'-• 
	Grams HP = (74 moH-ti) -----'-• 

	2 mol Hi I mol H20 
	= 1.3 X I0gH20 
	= 1.3 X I0gH20 
	1


	Check The magnitude ofthe answer seems reasonable based on the unts oithe reactants. The units are correct, and the number of
	31110significant figures (two) corresponds to those in the values given in 
	the problem statement. 
	the problem statement. 

	comment The quantity ofthe limiting reactant, H2, can also be used to determine the quantity of02 used: 
	mol-<)i)(32.0g02)
	mol-<)i)(32.0g02)
	_( __u,r-)(1 

	Grams 0 2 -74 ......,,-n 2 
	2 mol-Hi l mol-0; 
	1.2 X 10g 0 2 
	= 
	3 
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	The mass of0 2 remaining at the end ofthe reaction equals the start­ing amount minus the amount consumed: 
	1500 g -1200 g = 300 g . 
	Practice Exercise 1 Mol,ten gallium reacts with arsenic to form the semiconduc­·tor, gnllium arsenide, GaAs, used in light-emitting diodes and solar cells: 
	Ga(/)+ As(s) -GaAs(s) 
	If4.00 g ofgallium is reacted with 5.50 g ofarsenic, how many grams ofthe excess reactant are left at the end ofthe reaction? 
	(a) 4.94 g As, (b) 0.56 g As, (c) 8.94 gGa, or (d) I.SO g As. 
	Practice Exercise 2 When a 2.00-g strip ofzinc metal is placed in an aqueous solution containing 2.50 g ofsilver nitrate, the reaction is 
	Zn(s) + 2 AgNO3(aq) -2 Ag(s) + Zn( N03 )z(aq) 
	(a) 
	(a) 
	(a) 
	Which reactant is limiting? (b) How many grams ofAg form? 

	(c) 
	(c) 
	How many grams ofZn(NO3h form? (d) How many grams of the e:1icess reactant are left at the end ofthe reaction? 



	Theoretical and Percent Yields 
	The quantity of product calculated to form when all ofa limiting rea,ctant is con­sumed is called the theoretical yield. The amount of product actually obtained, called the actual yield, is almost always less than (and can never be greater than) the theoretical yield. There are many reasons for this difference. Part of the reactants mav not react, for example, or they may react in a way different from that desired (side reactions). In addition, it is not always possible to recover all ofthe product from the
	-

	retical yields: 
	actual yield 
	actual yield 

	Percent yield = ____;___ X 100% [3.14] 
	theoretical yield 
	SA MPLE 
	EXERCISE 3.20 Calculating Theoretical Yield and PercentYield 
	AJ1pic acid, HCHaO, used to produce nylon, is made commercially by a reaction between
	2
	4

	6
	6

	cyclohexane (C6H12) and 0 2: 
	2 CH(/) + 5 0 1(g) --+ 2 H2C6H8Oi/) + 2 H2O(g) 
	6
	12

	(a) Assume that you carry out this reaction with 25.0 g ofcyclohexane and that cyclohcxane ts the limiting reactant. What is the theoretical )ield ofadipic acid? (b) Ifyou obtain 33.S g of adtptc acid, what is the percent yield for the reaction? 
	SOLUTION Aralyze We are given a chemical equation and the quantity of the limiting reactant ,(25.0 g of C.Hd. We are asked to calculate the theoretical yield ofa product H2Ct;H5O~ and the percent )1dJ if only 33.5 g ofproduct is obtained. 
	PIJn 
	(a) 
	(a) 
	(a) 
	The theoretical }ield, which is the calculated quantity ofadipic acid formed, can be calcu­lated using the sequence ofconversions shown in Figure 3.16. 

	(b) 
	(b) 
	The percent }ield is calculated by using Equation 3.1-t to comp.ire the given actual ~·ield 33 5 g) \\ith the theoretical }ield. 













