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a

Figure 7.1 (a) Using massive reaction vessels like these, (b) pharmaceutical companies 
like Eli Lilly produce large amounts of vital medicines. (c) Jared Fennell is a process 
chemist at Eli Lilly. (d) These process chemists are in the laboratory, preparing for a 
large-scale reaction. (e) An operator tends to a reaction vessel before the start of 
a manufacturing reaction.
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“are we ready?”

Jared Fennell, Ph.D., looks around the room one more time. seated at an 
array of computer monitors, several technicians nod in agreement. Next 

to them, a team of chemists and engineers watches anxiously. at the center 
of the immaculate room sits a massive stainless steel container. in fact, only 
the top of the container is in the room—most of it lies beneath the concrete 
floor. Pipes, hoses, and sensors feed into the top of the container.

Jared takes a deep breath. “okay,” he says, “Let’s go.” the team has 
spent months working for this moment. every detail of this performance 
has been discussed, written out, and rehearsed. everyone knows their roles.

one of the operators enters a command on the control panel. slowly, 
the container begins to fill. over the next 48 hours, the team will monitor a 
huge chemical reaction. everything has to go according to plan. the safety 
of the team, the success of the project, and a million-dollar investment 
depend on it.

Jared has an extraordinarily challenging job. he is a process chemist at 
eli Lilly, an indiana-based pharmaceutical company that produces medicines 
for diabetes, cancer, brain function, and other conditions. Process chemists 
develop techniques for manufacturing materials on a very large scale. For 
example, Jared and his team were recently tasked with manufacturing a 
new medicine. Drug discovery chemists had produced about 25 grams of 
the compound. Jared’s job: scale the reaction up to 100,000 grams.

the scale of the reaction is not the only challenge. Because the team 
produces medicine for human consumption, the manufacturing process 
must work the same way every time. every detail must be carefully consid-
ered: how much of each reactant should be added? What is the best tem-
perature for the reaction? how are the reagents mixed together? For how 
long does the reaction go? Do these reactions produce other substances? 
how can they be removed? every parameter is tested and retested, until 
Jared and his team are certain that every batch they produce will be exactly 
the same (Figure 7.1). 

in manufacturing, chemistry begins with a simple question: how much? 
For example, how much product is needed? how much of each starting 
material is required? in fact, the importance of this question extends well 
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beyond manufacturing—it applies to every aspect of chemistry. When you 
breathe, how much oxygen does your body require? if you burn a gallon of gas-
oline while driving your car, how much carbon dioxide have you produced? if 
you are cooking a big pancake breakfast, how much mix do you need to feed 
20 people? these questions apply to very different situations, but each of them 
relates to the fundamental chemical question, “how much?” 

in this chapter, we’re going to tackle this question. We’ll learn how the 
masses of atoms and compounds relate to the world around us and see how we 
can use these relationships to understand the chemistry that takes place in the 
laboratory, the factory, or the kitchen. 

After completing this chapter and working the 
 practice problems, you should be able to:

7.1 Formula Mass and Percent Composition
• Calculate the formula mass of a compound. 

• Calculate the percent composition (by mass) of 
elements in a compound.

• Broadly describe how chemists measure 
 formula mass and percent composition. 

7.2 Connecting Atomic Mass to Large-Scale 
Mass: The Mole Concept 
• Use the mole concept to relate masses on the 

atomic scale to masses on the laboratory scale.

• Convert between grams, moles, and atoms or 
molecules.

7.3 The Mole Concept in Balanced Equations
• Apply the mole concept to solve stoichiometry 

problems, relating the amounts of reagents and 
products in a chemical change.

• Identify the limiting and excess reagents in 
chemical reactions.

7.4 Theoretical and Percent Yield
• Differentiate between theoretical, actual, and 

percent yields. 

• Describe chemical and physical occurrences 
that can lead to an actual yield that is less than 
the theoretical yield.

• Using the theoretical and actual yields,  correctly 
calculate the percent yield for a chemical 
reaction.

 ➜ Intended Learning Outcomes ➜ 
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7. 1  Formula Mass and Percent composition / 181

7.1 Formula Mass and Percent Composition

Formula Mass
The masses of elements and compounds play a vital role in chemistry. Chemists use 
mass to identify unknown compounds and to understand and predict chemical reac-
tions. As we saw in Chapter 3, the periodic table shows the average mass for atoms of 
each element. When working with compounds, we use these atomic masses to calcu-
late the mass of a single molecule or formula unit. This is called the formula mass. 
For example, what is the formula mass of a water molecule? We know that a molecule 
of water, H2O, contains two hydrogen atoms and one oxygen atom. Using the masses 
from the periodic table (Figure 7.2), we calculate the mass of water as follows:

Formula mass of H2O 5 2(1.01 u) 1 1(16.00 u) 5 18.02 u

We found the formula mass by adding up the number and type of each atom, using 
the masses given in the periodic table. Chemists sometimes refer to the formula 
mass as the formula weight, or as the molecular mass or molecular weight.

Recall that we measure the mass 
of atoms in atomic mass units, 
abbreviated as u or sometimes 
as amu.

H
1

1.01

C
6

12.01

O
8

16.00

Figure 7.2 We use the average atomic 
masses from the periodic table to 
calculate formula mass.

Example 7.2 Finding the Percent Composition 
of a Compound
Octane, a component of gasoline, has the molecular formula C8H18. What is the  percent 
composition of carbon and hydrogen in octane?

Example 7.1 Calculating the Formula Mass of a 
Compound
Potassium carbonate, K2CO3, is a common water-softening agent. What is the  formula 
mass of this compound?

To solve this problem, we add the atomic masses of each atom in the formula unit. ●

Formula mass of K2CO3 5 2(39.10 u) 1 1(12.01 u) 1 3(16.00 u) 5 138.21 u

1. Find the formula mass for each of these compounds:
a. H2CO   b. Na2CO3   c. lithium nitrate   d. iron(II) bromide

 Check it  Watch explanation

TRY IT

Percent Composition
Chemists sometimes describe compounds by the percentage (by mass) of each 
 element in a compound. This is called the percent composition of a compound. 
We calculate percent composition by dividing the mass of one element in a 
 compound by the total mass of a compound and then converting to percent:

Percent composition of one element 5 
mass of one element

mass of entire compound
 3 100%

Examples 7.2 and 7.3 illustrate this idea.
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To solve this problem, we find the mass of the carbon and the hydrogen atoms in the 
formula:

Mass carbon 5 mass (C8) 5 8(12.01 u) 5 96.08 u

Mass hydrogen 5 mass (H18) 5 18(1.01 u) 5 18.18 u

Next, we find the total formula mass of the compound: 

Formula mass of C8H18 5 8(12.01 u) 1 18(1.01 u) 5 114.26 u

The percent by mass of each element is the mass of that element divided by the total 
formula mass, expressed as a percentage. ●

Percent carbon 5 mass carbon
total formula mass

 3 100% 5 96.08 u
114.26 u

 3 100% 5 84.09%

Percent hydrogen 5 mass hydrogen
total formula mass

 3 100% 5 18.18 u
114.26 u

 3 100% 5 15.91%

Example 7.3 Using Percent Composition 
Silicon dioxide (SiO2) is the main component of glass. This compound contains 46.75% 
silicon and 53.25% oxygen by mass. What mass of silicon is in a 2.32-kilogram sample 
of SiO2?

To find the mass of silicon in the 2.32-kilogram sample, we multiply the mass of the 
total sample by the percentage of silicon in the sample, expressed as a decimal. ●

Mass Si 5 total mass 3 percent silicon

5 2.32 kg 3 0.4675 5 1.08 kg

2. Acetaminophen is a common painkiller. This compound has a molecular formula 
of C8H9NO2. What is the percentage by mass of carbon, hydrogen, nitrogen, and 
 oxygen in this compound?

 Check it  Watch explanation

3. Table sugar is a covalent compound with the formula C12H22O11. What is the 
 percentage by mass of carbon in table sugar? What mass of carbon is present in 2.00 kg 
of table sugar?

 Check it  Watch explanation

TRY IT

How Chemists Measure Formula Mass and 
Percent Composition
In Example 7.2, we began with the formula for a compound and then calculated 
its formula mass and percent composition. However, chemists often have the 
opposite problem: They encounter a new compound—perhaps a natural product 
with exciting medicinal properties—and must determine its structure and compo-
sition. Both formula mass and percent composition are important in identifying 
unknown compounds. In this section, we’ll briefly look at how chemists measure 
these important properties.

Each year a team of scientists 
from the University of Alabama at 
Birmingham collects and studies 
sponges from the waters around 
Antarctica. Some compounds 
discovered in these sponges 
block the growth of cancer cells. 
Chemists use the formula mass 
and percent composition to help 
determine the structure of these 
compounds.
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7. 1  Formula Mass and Percent composition / 183

Ionizing chamber Electric field

+ + + + + + + +

– – – – – – – –

Detector

Figure 7.3 In a mass spectrometer, a molecule passes through 
the ionizing chamber and then into an electric field. The path of 
the charged molecule curves as it moves through the electric field. 
The spectrometer calculates the mass of the molecule based on 
how sharply the molecule’s path changes as it passes through the 
electric field.

Mass Spectrometry
Chemists measure the masses of compounds using a technique called mass 
 spectrometry. A mass spectrometer contains three vital components: an  ionizing 
chamber, an electric field, and a detector (Figure 7.3). The ionizing chamber  converts 
neutral molecules into ions (often by removing an electron). The ions are then acceler-
ated into an electric field, which causes the pathways of the charged particles to curve. 
Lighter particles curve more sharply than heavier particles. After exiting the electric 
field, the particles strike a detector. The spectrometer calculates the mass of the com-
pound based on the size of the electric field, the charge on the particle, and the exact 
point where the particle hits the detector.

Mass/charge
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Cocaine (acid form)
C17H22NO4
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Figure 7.5 This mass spectrum was taken from the surface of a dollar bill. The peak at 
304.2 indicates the presence of cocaine. (Data courtesy of JEOL USA.)

Figure 7.4 A forensic chemist uses a mass spectrometer to 
analyze a mixture.
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Figure 7.3

Mass spectrometry is routinely used in chemical analysis 
(Figure 7.4). For example, forensic chemists use mass spectrom-
etry to monitor for hazardous or  illegal substances. Figure 7.5 
shows the mass spectrum of a  sample taken from a dollar bill. 
Cocaine (C17H22NO4) has a formula mass of 304.2 u—the signal 
at this mass indicates the presence of cocaine on the surface of 
the bill. 
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Elemental Analysis
Chemists measure percent composition through a  technique called elemental 
analysis. This technique uses combustion reactions to convert compounds into 
simpler products (carbon dioxide, water, etc.) The mass of each product indicates 
the percentage of each  element in a sample (Figure 7.6). Using a combination of 
elemental analysis and mass spectrometry, chemists can often determine both the 
percent composition and molecular formula of an unknown compound. 

Figure 7.6 Elemental analysis uses combustion to separate and measure the percentage 
of different elements in a compound. This image shows (a) a chemist preparing the sample 
and (b) the sample being slid into the combustion chamber.  
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Figure 7.7 Manufacturers use large-scale batch reactors like the 
ones shown here. It is important to relate reactions between a few 
atoms to reactions of this scale.
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7.2 Connecting Atomic Mass to Large-Scale 
Mass: The Mole Concept

Avogadro’s Number and the Mole
So far, we’ve expressed the masses of atoms and molecules using atomic mass 
units. While this measure is useful for calculating formula mass or percent 

composition, it presents a problem: Atomic mass units are 
incredibly small (1 u 5 1.66 3 10–24 grams), far too small 
to be useful in laboratory measurements. So how can we 
relate these masses to larger amounts—such as grams, 
kilograms, or tons—that can be measured in the lab or 
the factory  (Figure 7.7)?

To answer this question, we’re going to use a  quantity 
called a mole (often abbreviated as mol). A mole is a 
number of items, similar to the term dozen. A dozen sim-
ply means a quantity of 12, regardless of the item. If you 
have 12 planets, you have a dozen planets. If you have 
12  toothpicks, you have a dozen toothpicks. If you have 
12 donuts, you have a dozen donuts. It doesn’t mat-
ter what you’re measuring; the term dozen refers to the 
quantity 12.

Like the term dozen, a mole describes the number of 
units present. A mole is 6.02 3 1023 units of anything. If 
you have 6.02 3 1023 donuts, you have a mole of donuts. 
If you have 6.02 3 1023 carbon atoms, you have a mole of 

08_REV_31908_ch07_178_207.indd   184 28/07/17   3:28 PM

Copyright ©2018 W.H. Freeman Publishers. Distributed by W.H. Freeman Publishers. Not for redistribution. 



7. 2  connecting atomic Mass to Large-scale Mass: the Mole concept / 185

carbon atoms. If you have 6.02 3 1023 oxygen molecules, you have a mole of 
oxygen molecules. We refer to the number of particles in a mole, 6.02 3 1023, as 
 Avogadro’s number.

The power of the mole concept is that it allows us to express the masses of 
atoms and compounds in grams. Here’s how it works: One atom of carbon has a 
mass of 12.01 atomic mass units. One mole of carbon has a mass of 12.01 grams. 
We can’t measure out one atom of carbon in a lab, but we can measure out 12.01 
grams (Figure 7.8). So, we describe the atomic mass in one of two ways: We can 
say that the mass of carbon is 12.01 u (atomic scale), or we can say that the mass 
of carbon is 12.01 grams per mole (laboratory scale). When a mass is expressed in 
grams per mole, it is referred to as the molar mass.

Let’s consider one more example: The mass of one molecule of CO2 is 44.01 u, 
and the mass of one mole of CO2 is 44.01 grams. So, the molar mass of  carbon  dioxide 
is 44.01 g/mol. Using moles connects the atomic world to a scale we can measure in 
the lab. Figure 7.9 shows one mole of several different elements. 

Converting between Grams, Moles, and Particles
In chemistry we frequently need to convert between grams and 
moles. To do this we use the molar mass as the conversion factor. 
For  example, how many moles of sodium chloride are present in 
a  305-gram sample? Based on the formula mass of NaCl, we know 
that 58.44 grams of NaCl 5 1 mole of NaCl. We use this as our con-
version factor: 

58.44 g NaCl

1 mole NaCl
305 g NaCl 5.22 moles NaCl3 5

We often need to convert from moles to grams. For example, to pre-
pare a solution that contains 1.20 moles of NaCl, how many grams of 
NaCl do we need? In this example, we again use the molar mass as the 
conversion factor: 

1 mole NaCl

58.44 g NaCl
1.20 moles NaCl 70.1 grams NaCl3 5

Notice that when we write the conversion factor, the unit we wish 
to cancel (grams or moles) goes on the bottom, and the unit we wish to 

One mole 5 6.02 3 1023 units.

We describe mass in atomic 
mass units (u) or in grams per 
mole (g/mol).

Use the molar mass to convert 
between grams and moles.

1 atom of carbon:
mass = 12.01 u

1 mole of carbon:
mass = 12.01 grams

C

1 mole of carbon:
mass = 12.01 grams

Figure 7.8 The mole concept connects 
atoms to grams.
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Figure 7.9 This image shows one mole of the 
elements sulfur, bromine, carbon, mercury, zinc, 
copper, and cobalt.
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keep goes on the top. This concept is very important, and you must be able to do 
these calculations comfortably. Examples 7.4 and 7.5 further illustrate this idea.

Example 7.4 Converting from Grams to Moles 
How many moles of aluminum oxide, Al2O3, are present in a 57.3-gram sample of this 
compound?

We first calculate the formula mass of Al2O3 and find that 101.96 grams of Al2O3 5 
1 mole of Al2O3. We use this relationship as a conversion factor. We place the unit we wish 
to keep (moles) on top and the unit we wish to cancel (grams) on the bottom. Rounding 
to the correct number of significant digits, we get a final answer of 0.562 moles of Al2O3. ●

101.96 g Al2O3

1 mole Al2O357.3 g Al2O3 0.562 moles Al2O33 5

Example 7.5 Converting from Moles to Grams 
A sample contains 0.281 moles of potassium sulfate, K2SO4. What is the mass of potas-
sium sulfate in this sample?

As in Example 7.4, we use the molar mass to convert between grams and moles. We first 
determine that the molar mass of K2SO4 is 174.26 grams/mole. As before, we use this 
mass as a conversion factor. Because we want to move from moles to grams, we write 
the conversion factor with grams on top and moles on the bottom. Rounding to the 
correct number of significant figures gives us a final answer of 49.0 g of K2SO4. ●

1 mole K2SO4

174.26 g K2SO40.281 moles K2SO4 49.0 g K2SO43 5

4. Convert the following amounts from grams to moles:
a. 22.7 g of silver b. 43.6 g of sodium nitrate
c. 974.3 g of boron trifluoride

 Check it  Watch explanation

5. Find the mass of each of the following:
a. 6.20 moles of silicon b. 5.3 moles of molecular bromine (Br2)
c. 1.83 moles of ammonium carbonate

 Check it  Watch explanation

TRY IT

Because we know the number of particles in a mole, we can also convert 
between moles and particles, such as atoms or molecules. To do this we use 
 Avogadro’s number as the conversion factor. For example, how many atoms are 
in 4.20 moles of gold? To solve this problem, we multiply the moles of gold by 
Avogadro’s number:

6.02 3 1023 atoms
4.20 moles Au 2.53 3 1024 atoms Au3

1 mole 
5

The mole concept allows us to directly relate the quantity of atoms and the 
mass in grams. For example, what is the mass in grams of 2.53 3 1023 iron atoms? 

Use Avogadro’s number to 
convert between moles and 
particles.
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To solve this problem, we begin with atoms, then convert to moles, and finally 
convert to grams: 

1 mole Fe
2.53 3 1023 atoms Fe 3

6.02 3 1023 atoms Fe

55.85 grams Fe
23.5 grams Fe3

1 mole Fe
5

Notice in these problems that we use Avogadro’s number to convert between 
moles and atoms, and we use the molar mass to convert between moles and grams. 
To relate grams to atoms, we must first convert to moles (Figure 7.10). 

Grams
Molar mass

Avogadro’s
number

Moles Atoms

Figure 7.10 To convert between grams and atoms, you must go through moles.

I live in the corn country of 
west Kentucky. Planes flying 
from our small regional airport 
go only to Chicago O’Hare. I 
can go anywhere I want, but I 
must go through Chicago. Like 
O’Hare, moles are a travel hub 
in many calculations. If you 
want to connect one substance 
to another, you have to travel 
through moles.
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6. A sample contains 0.0623 moles of titanium. How many titanium atoms are present 
in this sample? What is the mass in grams of this sample?

 Check it  Watch explanation

7. Find the mass of each of the following:
a. 1.83 3 1024 iron atoms b. 3.21 3 1021 CH4 molecules

 Check it  Watch explanation

8. How many molecules of CS2 are in a 15.83-gram sample?
 Check it  Watch explanation

TRY IT

Example 7.6 Converting from Grams to Molecules 
A chemist has a sample containing 42,300 grams of sulfur trioxide, SO3. How many 
molecules of SO3 are present in this sample? 

To solve this problem, we must first convert from grams to moles (as in the previous 
examples) and then convert to molecules. To convert from grams to moles, we use 
the molar mass of SO3 (80.06 g/mol) as the conversion factor. We then use Avogadro’s 
number to convert from moles to molecules. Rounding to three significant figures, we 
find that this mass corresponds to 3.18 3 1026 molecules of SO3. ●

1 mole SO342,300 g SO3 3
80.06 g SO3

6.02 3 1023 molecules

3.18 3 1026 SO3 molecules

3
1 mole

5

7.3 The Mole Concept in Balanced Equations
In Chapter 6 we discussed the explosive reaction between hydrogen and oxygen: 

2 H2 1 O2 ➔ 2 H2O

We can read this equation in one of two ways. First, we can interpret it in a 
 molecular sense: Two molecules of hydrogen react with one molecule of oxygen. 
But we can also interpret this equation as a ratio of moles: Two moles of hydrogen 
react with one mole of oxygen (Figure 7.11).

A balanced equation gives both 
an atomic ratio and a mole ratio.
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Stoichiometry Problems
Because a balanced equation relates the moles of substances in a reaction, we can use 
it to connect the amount of one reactant or product to the amounts of every other 
species in the equation. For example, Figure 7.12 poses a series of questions about a 
reaction. See if you can answer each question; then look at the explanations that follow. 

Here are the solutions to each of the four questions:
1. How many moles of iron react? To answer this question, we need to convert 

from grams of iron to moles of iron. As before, we use the molar mass of iron 
(55.85 g/mole) as a conversion factor: 

55.85 g Fe

1 mole Fe
235 g Fe 4.21 moles Fe3 5

2. How many moles of HCl are needed to react with the iron? Based on the 
 balanced equation, two moles of HCl are required for every one mole of Fe. Because 
we have 4.21 moles of Fe, this means we need twice that many moles of HCl, or 
8.42 moles. More formally, we could solve this problem by unit conversions: 

1 mole Fe

2 moles HCl
4.21 moles Fe 8.42 moles of FeCl23 5

2 H2 + O2

2 molecules
H2

4.0 u

2 molecules
H2O

36.0 u

1 molecule
O2

32.0 u

2 moles
H2

4.0 grams

2 moles
H2O

36.0 grams

1 mole
O2

32.0 grams

MOLECULAR RATIO MOLE RATIO 

2 H2O

H H

HH
O

HH
O

H
H

O

O
+ +

H2

O2

H2

Figure 7.11 A balanced equation represents both the ratio of molecules and the ratio of 
moles that are involved in a reaction.

In 1937 the airship Hindenburg 
caught fire and exploded over 
New Jersey, killing 36 people. 
The airship was filled with 
hydrogen gas, which reacted 
explosively with the oxygen gas 
in the air.
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How many moles
of iron react?

How many moles of HCl
are needed?

How many moles of
iron(II) chloride form?

How many grams of
iron(II) chloride form?

If 235 grams of iron react in this way…

Fe (s) + 2 HCl (aq) FeCl2 (aq) + H2 (g)

Figure 7.12 See if you can answer the questions in this figure. The answer to each question 
is given in the text below.

Explore 
Figure 7.11

Explore 
Figure 7.12
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Notice how we did this: We created a conversion factor (2 moles HCl/1 mole Fe) 
from the balanced equation. When relating the moles of one substance to the moles of 
another, we use the coefficients in the balanced equation as a conversion factor.

3. How many moles of iron(II) chloride form in this reaction? In the balanced 
equation, there is one mole of FeCl2 per one mole of Fe. Therefore the moles of 
FeCl2 produced are the same as the moles of iron that react (4.21 moles). Again, 
we can do this more formally by writing a conversion factor from the balanced 
 equation (1 mole FeCl2/1 mole Fe): 

1 mole FeCl24.21 moles Fe 4.21 moles of FeCl23
1 mole Fe

5

4. How many grams of iron(II) chloride form in this reaction? In this final 
question, we have to convert from moles of FeCl2 to grams of FeCl2. Anytime we 
 convert between grams and moles, we use the molar mass of the substance in ques-
tion. Based on the masses on the periodic table, the molar mass of FeCl2 is 126.75 
grams/mole. Because we know there are 4.21 moles of FeCl2 (from question 3), we 
can set up the final problem like this: 

126.75 g FeCl24.21 moles FeCl2 534 g of FeCl23
1 mole FeCl2

5

This type of problem is called a stoichiometry problem. These problems use the 
amount of one substance to predict the amount of another substance that is con-
sumed or produced, according to the balanced equation. Once we found the moles 
of Fe (in question 1), we were able to relate this value to both the moles of HCl 
and the moles and grams of FeCl2. Given the amount in grams or moles of one 
substance in the balanced equation, we can find the moles or grams of any other 
substance in the equation. Examples 7.7 and 7.8 further illustrate this idea.

Example 7.7 Relating Moles Using the Balanced 
Equation 
When magnesium burns, it combines with oxygen to form a new compound, MgO. The 
balanced equation for this reaction is shown below. If this reaction consumes 3.0 moles of 
oxygen, how many moles of MgO will form? How many grams of MgO will form?

2 Mg (s) 1 O2 (g) ➔ 2 MgO (s)

There are two ways to approach the first part of this problem. One way is by visual 
inspection: From the balanced equation, we see that 1 mole of oxygen gas produces 
2 moles of magnesium oxide. Based on this ratio, 3.0 moles of oxygen gas will produce 
6.0 moles of MgO. 

For simple ratios, this sort of visual inspection is very helpful. But we can also solve the 
problem by using the balanced equation to create a conversion factor. We begin with 
3.0 moles of oxygen gas and then multiply by a conversion factor, showing two moles of 
MgO for every one mole of oxygen gas: 

2 moles MgO
3.0 moles O2 6.0 moles MgO3

1 mole O2
5

Once we have found the moles of MgO, we use the molar mass of MgO (40.31 g/mol) 
to convert from moles to grams. The calculator gives an answer of 241.9 grams; but we 
can keep only two significant digits, so we round the answer to 240 grams. ●

40.31 g MgO
6.0 moles MgO 240 g MgO3

1 mole MgO
5

Use the coefficients in the 
balanced equation to convert 
between moles of compounds.

We can relate the amount of 
one substance to any other 
substance in a balanced 
equation.
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Example 7.8 Relating Grams and Moles Using the 
Balanced Equation
Sodium metal reacts violently with water, as shown in the balanced equation below. 
How many moles of H2 gas are produced by the reaction of 11.0 grams of sodium with 
water?

2 Na (s) 1 2 H2O (l) ➔ 2 NaOH (aq) 1 H2 (g)

We are given the grams of sodium and asked to relate this amount to the moles of H2. To 
solve this problem, we must first convert the grams of sodium to moles of sodium and 
then relate the moles of sodium to the moles of hydrogen. Graphically, we can express 
our strategy this way: 

Grams Na 1 Moles Na 1 Moles H2

To convert grams of sodium to moles of sodium, we use the molar mass of sodium: 
22.99 g/mol. In order to convert moles of sodium to moles of H2, we use the balanced 
equation to relate these two species (1 mole H2/2 moles Na). We could write this  process 
in two individual steps: 

1 mole Na
11.0 g Na 0.478 mol Na3

22.99 g Na
5

1 mol H20.478 mol Na

Step 1: Convert g Na to mol Na

Step 2: Relate mol Na to mol H2 0.239 mol H23
2 mol Na

5

For simplicity, we can also write the two steps side by side. ●

1 mole Na
11.0 g Na 3

22.99 g Na

1 mol H2 0.239 mol H23
2 mol Na

5

TRY IT
9. Lithium metal reacts with nitrogen gas according to the balanced equation shown 
here. Based on this equation, how many moles of N2 are required to react with 
12.0 moles of lithium? How many moles of Li3N are produced in this reaction? How 
many grams of Li3N are produced?

6 Li (s) 1 N2 (g) ➔ 2 Li3N (s)

 Check it  Watch explanation

10. Sulfur dioxide can react with oxygen gas as shown in this balanced equation:

2 SO2 (g) 1 O2 (g) ➔ 2 SO3 (g)

How many moles of SO2 are required to produce 40 moles of SO3? How many moles of 
O2 are required?

 Check it  Watch explanation

Gram-to-Gram Questions
One common type of stoichiometry problem is the gram-to-gram problem. In 
this type of problem, we are given the mass of one reagent or product (usually in 
grams) and asked to find the mass of another reagent or product (also in grams). 

9. Lithium metal reacts with nitrogen gas according to the balanced equation shown 
here. Based on this equation, how many moles of N2 are required to react with 
12.0 moles of lithium? How many moles of Li3N are produced in this reaction? How 
many grams of Li3N are produced?

6 Li (s) 1 N2 (g) ➔ 2 Li3N (s)

 Check it  Watch explanation

10. Sulfur dioxide can react with oxygen gas as shown in this balanced equation:

2 SO2 (g) 1 O2 (g) ➔ 2 SO3 (g)

How many moles of SO2 are required to produce 40 moles of SO3? How many moles of 
O2 are required?

 Check it  Watch explanation
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Since the balanced equation relates amounts by moles, we must convert to moles 
to solve this problem. For any question relating the grams of substance A to the 
grams of substance B, the strategy is to convert from grams of A to moles of A, 
then to moles of B, then finally to grams of B. This approach is shown graphically 
in Figure 7.13. Example 7.9 describes how we used this strategy to solve a problem 
of this type.

Example 7.9 Gram-to-Gram Conversion 
When heated with a Bunsen burner, MgCO3 decomposes to MgO and CO2, as shown 
in the equation. If 5.24 grams of MgCO3 are heated in this manner, how many grams of 
MgO can be produced? 

MgCO3 (s) ➔ MgO (s) 1 CO2 (g)

To solve this problem, we must first convert from grams of MgCO3 to moles of MgCO3. 
Next, we use the balanced equation to relate the moles of MgCO3 to the moles of MgO. 
Finally, we convert moles of MgO into grams. We can do one conversion at a time, or we 
can string these conversions together, like this. ●

1 mole MgO
5.24 g MgCO3 3

1 mole MgCO3

84.32 g MgCO3
3

1 mole MgCO3

40.31 g MgO
2.51 g MgO

Start with
grams of MgCO3

Convert to
moles of MgCO3

Relate to
moles of MgO

Convert to
grams of MgO

3
1 mole MgO

5

TRY IT
11. Consider the reaction of copper with bromine to produce copper(I) bromide:

2 Cu (s) 1 Br2 (l) ➔ 2 CuBr (s)

How many grams of copper(I) bromide are produced from the reaction of 24.6 grams 
of copper in this reaction? How many grams of bromine are required to react with 
this amount of copper?

 Check it  Watch explanation

Strategies for Solving Stoichiometry Problems
For many people, stoichiometry problems can seem overwhelming. Don’t worry—
you can do this. The key to solving these problems is to recognize the simple 
 patterns; then follow the patterns every time. Notice that these problems rely on 
just three types of conversions, each with its own conversion factor.

 Conversion Type  Conversion Factor
1. Grams and moles of one substance Molar mass
2. Moles and particles of one substance avogadro’s number
3. Moles of two different substances Mole ratio from the balanced equation

TRY ITTRY IT
11. Consider the reaction of copper with bromine to produce copper(I) bromide:

2 Cu (s) 1 Br2 (l) ➔ 2 CuBr (s)

How many grams of copper(I) bromide are produced from the reaction of 24.6 grams 
of copper in this reaction? How many grams of bromine are required to react with 
this amount of copper?

 Check it  Watch explanation

Grams A

Molar
mass

Molar
mass

Mole ratio
from equation

Moles A Moles B Grams B

Figure 7.13 We use this strategy for solving gram-to-gram stoichiometry problems.
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Example 7.10 Strategies for Stoichiometry 
Problems
Zinc metal reacts with aqueous copper(II) chloride, as shown in this equation. If 3.0 3 1021 
atoms of zinc react, how many grams of ZnCl2 will form? Show the sequence of conversions 
necessary; then calculate the numerical answer.

Zn (s) 1 CuCl2 (aq) ➔ ZnCl2 (aq) 1 Cu (s)

We can look at the map in Figure 7.13 to solve this problem. We know the number 
of atoms of Zn, and we are asked to find the mass of ZnCl2. By replacing A in the 
map with Zn and B with ZnCl2, we see that we can do the calculation by taking this 
route:

atoms Zn 1 moles Zn 1 moles ZnCl2 1 grams ZnCl2

Now we set up the conversions to move from atoms of Zn to grams of ZnCl2: 

3.0 3 1021 atoms Zn 3
1 mole Zn

6.02 3 1023 atoms Zn

1 mole ZnCl23
1 mole Zn

136.28 g ZnCl2 0.68 g ZnCl23
1 mole ZnCl2

5

3.0 3 1021 atoms Zn 3
1 mole Zn

6.02 3 1023 atoms Zn

1 mole ZnCl23
1 mole Zn

136.28 g ZnCl2 0.68 g ZnCl23
1 mole ZnCl2

5

After rounding to the correct number of significant digits, we find that this reaction can 
produce 0.68 g of ZnCl2. ●

Grams A

Molar
mass

Molar
mass

Avogadro’s
number

Avogadro’s
number

Mole ratio
from equation

Moles A

The Mole Map

Moles B

Particles A Particles B

Grams B

Figure 7.14 This “mole map” shows the strategy for solving any stoichiometry problem 
involving grams, moles, and atoms or molecules.

Practice
Stoichiometry conversions
The way to get good at 
stoichiometry conversions is 
to practice. This interactive 
exercise will help you 
improve your skills.

If you’re driving along I-95 in 
southern Connecticut, how 
do you get from Norwalk to 
New Haven? According to the 
map, you have to drive through 
Bridgeport. Figure 7.14 gives 
you a similar map for solving 
stoichiometry problems. You 
can start anywhere and end 
anywhere—just follow the 
map. For most stoichiometry 
problems, the map says you 
have to go through moles.

STAMFORD

NORWALK

BRIDGEPORT

NEW HAVEN

Once we understand the conversions, we need to identify where we are start-
ing from and where we are going. Stoichiometry problems provide the amount 
of one compound (A), and ask us to relate this to the amount of another com-
pound (B). These problems can be solved by using the “mole map” shown in 
Figure 7.14. Like any map, this guide helps us locate where we are, where we are 
going, and how to get there. For example, how do we get from grams of com-
pound A to particles of compound B? Looking at the mole map, we can see this 
requires three steps: Beginning with grams of A, we must convert to moles of A, 
then to moles of B, and finally to particles of B. Examples 7.10 and 7.11 illustrate 
this type of problem.

FPO
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Example 7.11 Strategies for Stoichiometry 
Problems
Aluminum metal reacts with nitric acid (HNO3) as in the reaction below. If this 
 reaction consumes 5.20 moles of aluminum, how many grams of H2 will form?

2 Al (s) 1 6 HNO3 (aq) ➔ 2 Al(NO3)3 (aq) 1 3 H2 (g)

This example gives us the number of moles of Al and asks for the number of grams of 
H2. Following the map in Figure 7.13, we can write a strategy for this problem:

moles Al 1 moles H2 1 grams H2

Now that the route is mapped out, we can do the conversions. ●

5.20 moles Al 3
3 moles H2

2 moles Al

2.02 g H23
1 mole H2

15.8 g H25

TRY IT
12. Iron reacts with oxygen gas as shown in this balanced equation. How many moles 
of oxygen are needed to react with 82.1 grams of iron?

4 Fe (s) 1 3 O2 (g) ➔ 2 Fe2O3 (s)

 Check it  Watch explanation

13. When heated, calcium carbonate decomposes to form calcium oxide and carbon 
dioxide, as shown in this equation. How many moles of CaCO3 are required to produce 
71.5 grams of CaO?

CaCO3 (s) ➔ CaO (s) 1 CO2 (g)

 Check it  Watch explanation

Calculations with Limiting Reagents
Before going any further, let’s stop and make a sandwich. We can write a “recipe” 
for a sandwich that looks something like this:

2 slices of bread 1 1 slice turkey 1 1 slice cheese ➔ 1 sandwich

Now imagine that you have 18 slices of turkey, 15 slices of cheese, and 80 slices 
of bread. Using this recipe, how many turkey-and-cheese sandwiches could you 
make?

If you answered 15 sandwiches, you are correct. You have plenty of bread—
enough to make 40 sandwiches. You have enough turkey to make 18 sandwiches. 
But you only have enough cheese to make 15 sandwiches. Because the cheese runs 
out first, it limits the number of sandwiches that can be made. 

This situation is common in chemistry as well as in cooking. For example, 
consider the combustion of natural gas, as shown in this reaction:

CH4 (g) 1 2 O2 (g) ➔ CO2 (g) 1 2 H2O (g)

12. Iron reacts with oxygen gas as shown in this balanced equation. How many moles 
of oxygen are needed to react with 82.1 grams of iron?

4 Fe (s) 1 3 O2 (g) ➔ 2 Fe2O3 (s)

 Check it  Watch explanation

13. When heated, calcium carbonate decomposes to form calcium oxide and carbon 
dioxide, as shown in this equation. How many moles of CaCO3 are required to produce 
71.5 grams of CaO?

CaCO3 (s) ➔ CaO (s) 1 CO2 (g)

 Check it  Watch explanation
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What happens if there is more O2 than CH4 available to react? The reaction will 
take place until all of the CH4 is consumed. However, there will still be O2 left 
over (Figure 7.15). Because an excess of oxygen is available, O2 is called the excess 
reagent. On the other hand, the amount of CH4 present limits the amount of CO2 
and water that can be produced in this reaction. The compound that is consumed 
first is called the limiting reagent. The limiting reagent determines the amount of 
product that can form in a reaction.

Often, just like in the sandwich example, we are given amounts of different 
starting materials. To find the limiting reagent, we calculate the amount of  product 
that each starting material can produce. The starting material that can produce 
the  least amount of product is the limiting reagent. Examples 7.12 and 7.13 
 illustrate this important idea.

Example 7.12 Finding the Limiting Reagent
Potassium reacts violently with chlorine gas to produce potassium chloride, as in the 
equation below. If 1.2 moles of potassium are combined with 15 moles of chlorine 
gas, how many moles of potassium chloride can form? Which reagent is the limiting 
reagent?

2 K (s) 1 Cl2 (g) ➔ 2 KCl (s)

To solve this problem, we determine how much potassium chloride can form from the 
available amount of potassium and the available amount of chlorine: 

2 mol KCl
1.2 mol K 1.2 mol KCl3

2 mol K
5

2 mol KCl
15 mol Cl2 30 mol KCl3

1 mol Cl2
5

Since less KCl can 
be produced from 
the potassium, it is 
the limiting reagent.

The potassium limits the amount of KCl that can be produced—it is the limiting 
reagent. Even though there is enough chlorine to produce a large amount of KCl, there 
is only enough potassium to produce 1.2 moles. ●

Figure 7.15 The limiting reagent (CH4) is completely consumed, but the excess reagent 
(O2) is not.
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The limiting reagent is the one 
that can form the least amount 
of product.
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Example 7.13 Finding the Limiting Reagent
Uranium reacts with fluorine gas according to the equation shown. If 30 moles of ura-
nium combine with 75 moles of F2, how many moles of UF6 will form?

U 1 3 F2 ➔ UF6

To find the limiting reagent, we calculate the amount of UF6 that could be produced 
from the uranium and the amount that could be produced from the fluorine: 

1 mole UF630 moles U 30 moles UF63
1 mole U

5

1 mole UF675 moles F2 25 moles UF63
3 moles F2

5

This is the amount of 
UF6 that can actually 
form in this reaction.

Since less UF6 can be 
produced from the fluorine 
gas, F2 is the limiting reagent.

Notice that even though fewer moles of uranium are present, fluorine is the limiting 
reagent. Because the reaction consumes three fluorine molecules for each uranium 
atom, the fluorine is consumed before the uranium. ●

TRY IT
14. Phosphorus reacts with chlorine gas according to this equation:

2 P (s) 1 3 Cl2 (g) ➔ 2 PCl3 (l)

If 25.0 moles of phosphorus are combined with 50.0 moles of chlorine gas, what is the 
limiting reagent? How many moles of PCl3 can be produced? 

 Check it  Watch explanation

Finding the Leftovers
In the previous section we used a sandwich recipe as an analogy for a chemical 
reaction:

2 slices of bread 1 1 slice turkey 1 1 slice cheese ➔ 1 sandwich

Based on this equation, we said that if we have 18 slices of turkey, 15 slices of 
cheese, and 80 slices of bread, we can make 15 sandwiches. The cheese is the lim-
iting reagent. But here’s another question: If we make all of the sandwiches, how 
many slices of turkey and of bread will be left over? I encourage you to take a 
moment and try to figure this out before moving forward.

To solve this problem, we first find the amount of each reagent (ingredient) 
that we used. Following the ratios in the balanced equation, we could summarize 
our sandwich making as follows:

Used:  30 slices of bread, 15 slices of turkey, 15 slices of cheese
Produced: 15 sandwiches

To find the leftovers, we subtract what we used from our initial amounts:

Bread: 80 slices – 30 slices 5 50 slices left over
Turkey: 18 slices – 15 slices 5 3 slices left over
Cheese: 15 slices – 15 slices 5 0 slices left over (limiting reagent)

14. Phosphorus reacts with chlorine gas according to this equation:

2 P (s) 1 3 Cl2 (g) ➔ 2 PCl3 (l)

If 25.0 moles of phosphorus are combined with 50.0 moles of chlorine gas, what is the 
limiting reagent? How many moles of PCl3 can be produced? 

 Check it  Watch explanation

I love sandwiches.
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Chemical reactions work the same way: If we subtract the amount of a starting 
material used in the reaction from the amount available, we can determine the 
amounts of starting material that are left over. Limiting reagents are completely 
consumed in chemical reactions, but some of the excess reagent will always be left 
over. Example 7.14 illustrates this idea.

Example 7.14 Finding the Amounts Left Over 
In an acid-base neutralization reaction, a chemist combines 15 moles of HCl with 
20 moles of NaOH. How many moles of H2O form in this reaction? How many moles of 
the excess reagent are left over?

To solve this problem, we first write a balanced equation for the reaction:

HCl (aq) 1 NaOH (aq) ➔ NaCl (aq) 1 H2O (l)

We have enough NaOH to produce 20 moles of water, but we only have enough HCl 
to produce 15 moles of water. Therefore HCl is the limiting reagent, and the reaction 
produces 15 moles of water.

How many moles of NaOH are left over? We started with 20 moles of NaOH and 
 consumed 15 in the reaction. Therefore 5 moles are left over. 

Sometimes it helps to make a table showing the moles of each species present at the 
beginning of the reaction, the amounts consumed or produced, and then the amounts 
of each species at the end of the reaction. ●

...while some of the excess 
reagent is left over.

Amount available: 15 moles 20 moles

–15 moles –15 moles

5 moles

+ Amount produced

= Ending amount= Ending amount:

+15 moles +15 moles

15 moles0 moles 15 moles

– Amount consumed:

The limiting reagent
is consumed...

The amounts of products are
determined by the limiting reagent.

➔HCl NaCl H2O+NaOH+

TRY IT
15. A reinforced steel cylinder is filled with 20.0 moles of hydrogen and 12.0 moles 
of oxygen. The mixture is detonated inside the cylinder, causing this reaction to take 
place:

2 H2 (g) 1 O2 (g) ➔ 2 H2O (g)

What is the limiting reagent for this reaction? Calculate the number of moles of 
hydrogen, oxygen, and water present in the cylinder after the reaction takes place.

 Check it  Watch explanation

7.4 Theoretical and Percent Yield
Many chemists, like the process chemist described at the beginning of this chapter, 
conduct chemical reactions to create valuable new materials. When carrying out a 
reaction of this type, we often calculate the theoretical yield of the products—that 
is, the amount of product that can form, based on the amount of starting materials 
and the balanced equation.

15. A reinforced steel cylinder is filled with 20.0 moles of hydrogen and 12.0 moles 
of oxygen. The mixture is detonated inside the cylinder, causing this reaction to take 
place:

2 H2 (g) 1 O2 (g) ➔ 2 H2O (g)

What is the limiting reagent for this reaction? Calculate the number of moles of 
hydrogen, oxygen, and water present in the cylinder after the reaction takes place.

 Check it  Watch explanation

Stoichiometry problems predict 
the theoretical yield of a 
reaction.
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In practice, however, chemists often obtain less than the theoretical yield. The 
amount of a product that a chemist actually isolates from an experiment is called 
the actual yield. We report the efficiency of a reaction as the percent yield, which 
we calculate as follows:

Percent yield 5
actual yield

theoretical yield
3 100%

Percent yields are often much lower than 100%. This happens for several 
 reasons: Sometimes part of the material adheres to the container walls. (If you’ve 
ever made a cake, you know that it’s impossible to get all of the batter into the 
pan—the same holds true in chemical reactions.) Sometimes a competing reaction 
forms unwanted side products in a reaction. Other times, product is lost during 
the purification process. The percent yield is a measure of how efficiently a reac-
tion takes place. 

For example, suppose a chemist runs a reaction in which the theoretical yield 
is 240 grams. However, after the completion of the reaction, he is only able to 
 isolate 180 grams. In this case, his percent yield for the reaction is 75%:

Percent yield 5
actual yield

theoretical yield
3 100% 5

180 g

240 g
3 100% 5 75%

Example 7.15 illustrates the relationships between theoretical, actual, and  percent 
yields.

Example 7.15 Finding the Theoretical and Percent 
Yield
Sulfur hexafluoride, SF6, is widely used in the power industry. It is produced through 
the following reaction:

S (s) 1 3 F2 (g) ➔ SF6 (g)

A manufacturer reacts 120.0 kilograms of sulfur with excess fluorine gas. What mass of SF6 
is theoretically possible for this conversion? After the reaction is complete, the  manufacturer 
isolates 480.2 kg of SF6. What was the percent yield for this process?

The theoretical yield is the amount of product possible, based on the balanced equation 
and the amount of starting material used. This is a stoichiometry problem. As in the 
earlier examples, we must go through moles to relate the mass of the starting materials 
and products: 

1 mole S
120,000 g S 3

32.06 g S

1 mole SF6 546,700 g or 546.7 kg SF63
1 mole S

146.06 g SF63
1 mole SF6

5

1 mole S
120,000 g S 3

32.06 g S

1 mole SF6 546,700 g or 546.7 kg SF63
1 mole S

146.06 g SF63
1 mole SF6

5

The theoretical yield for this reaction is 546.5 kg. The actual yield is 480.2 kg. From this, 
we calculate the percent yield. ●

actual yield
Percent yield of SF6 100%5 5 5

theoretical yield

480.2 kg

546.7 kg
3 100% 87.84%3

actual yield
Percent yield of SF6 100%5 5 5

theoretical yield

480.2 kg

546.7 kg
3 100% 87.84%3

Due to the scale and cost 
of chemical manufacturing, 
industrial chemists work hard to 
optimize the percent yields of 
reactions. A change in yields of 
even 1% can drastically reduce 
costs and increase profits.
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TRY IT
16. A chemist carried out the following reaction, beginning with 5.25 grams of MgCO3. 
After the reaction was complete, she obtained 2.37 grams of MgO.

MgCO3 (s) ➔ MgO (s) 1 CO2 (g)

a. What was the theoretical yield of magnesium oxide (MgO) in this reaction?
b. What was the percent yield?

 Check it  Watch explanation

SUMMARY

Much of chemistry is concerned with the question, “How much?” When conduct-
ing a chemical reaction, chemists need to know how much starting material to use 
and how much product to expect. In this chapter we’ve explored how the atomic 
masses relate to the masses we can measure in the laboratory or the factory. 

We describe compounds by their formula mass. The formula mass is the sum 
of the masses of the atoms in a molecule or formula unit. Scientists often deter-
mine formula mass experimentally by using mass spectrometry.

We can also describe compounds by their percent composition. Scientists 
determine percent composition using a technique called elemental analysis.

The mole concept allows us to connect the masses of atoms and  molecules 
to masses that we can measure on the laboratory scale. Avogadro’s  number, 
6.02 3 1023, is the number of particles in a mole. The mass of one mole of 
a  substance in grams has the same numerical value as the mass of one atom or 
molecule of that substance in atomic mass units. That is, the mass of any chem-
ical substance can be described in atomic mass units or in grams per mole. The 
 measurement of mass in grams per mole is called the molar mass.

The mole concept allows us to relate large amounts using chemical equations. 
By converting to moles, it is possible to relate the amount of any material involved 
in a chemical reaction to the amounts of all other materials consumed or produced 
in the reaction. 

Frequently, we are not able to mix chemicals in a perfect ratio; one reagent will 
be in excess. The limiting reagent determines the amount of product that can form 
in a reaction. 

Chemists commonly describe reactions in terms of their theoretical and per-
cent yields. The theoretical yield is the amount of material that would be produced 
if the reaction went perfectly. However, in practice, material can be lost because of 
competing reactions, incomplete transfers between containers, or other issues. The 
percent yield is an indicator of how closely the actual yield aligns with the theoret-
ical yield. When working in a laboratory or industrial setting, the percent yield is 
very important.

16. A chemist carried out the following reaction, beginning with 5.25 grams of MgCO3. 
After the reaction was complete, she obtained 2.37 grams of MgO.

MgCO3 (s) ➔ MgO (s) 1 CO2 (g)

a. What was the theoretical yield of magnesium oxide (MgO) in this reaction?
b. What was the percent yield?

 Check it  Watch explanation
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Process Development, Continued

At the beginning of this chapter, we introduced Jared Fennell, a process chem-
ist at the pharmaceutical company eli Lilly, who optimizes chemical reactions 

for large-scale manufacturing. Process chemistry is much different from the ear-
lier stages of pharmaceutical research. in the early phases of a drug development 
project, scientists try to identify compounds with useful medicinal properties. 
chemists prepare and test a large number of compounds to understand how dif-
ferent structures behave in living systems. they don’t worry much about percent 
yield; they need only a small amount of each compound, and good yields are often 
less important than getting the compounds quickly. however, as compounds move 
from laboratory testing to animal testing and ultimately to human trials, more and 
more compound is needed, and the purity of the compound becomes paramount. 
this is where process chemists come in.

in 2014 the eli Lilly team published results that offer an insight into the chal-
lenges that process chemists face. their project objective was to prepare a prom-
ising new medicine. one of the final steps involved a reaction that combined two 
molecules by forming a new bond to a nitrogen atom (Figure 7.16). chemists in 
the early and intermediate stages had produced 25 grams of the compound; the 
process team had to produce 100,000 grams. 

to make this reaction work, small-scale chemists used a palladium compound 
as a catalyst (a catalyst helps a reaction take place more quickly but is not used 
up in the reaction). Palladium is very expensive and must be separated from the 
products after the reaction is complete. in addition, the catalyst slowly reacted 
with oxygen. this caused two problems: First, it produced potentially harmful side 
products. second, trace amounts of oxygen in the mixture could cause the catalyst 
to fail, resulting in very low yields and costing the company hundreds of thousands 
of dollars.

the process team set to work on the problem. they carefully tested the time, 
temperature, amounts of starting materials, amounts of catalyst, and mixing tech-
niques used in the reaction. they identified the side products. they even devel-
oped a unique method to monitor the oxygen levels in the reaction, ensuring that 
they stayed below the harmful threshold.

Finally, after months of testing and planning, the time came for a large-scale 
run. this pivotal experiment required 150 kilograms of starting material, valued at 
nearly $1 million. everything had to be right. the entire team assembled. every step 
of the process had been rehearsed. the reaction started. over the next 48 hours, 
the team monitored each step, watching for unexpected changes. at the end of 
the arduous process, they were rewarded with success. they isolated the pure 
product at 87% yield—a very good yield for a challenging reaction. 

Figure 7.16 A simplified representation of the bond-forming reaction. Shaded 
areas represent the rest of the molecules. 

Pd catalyst
H

H

N Cl+

H

N HCl+
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➜ Key Terms
7.1 Formula Mass and Percent 
Composition
formula mass The mass of a molecule 
or formula unit.
percent composition The percent-
age (by mass) of each element in a 
compound.
mass spectrometry A technique used to 
measure the mass of a molecule.
elemental analysis A technique used to 
determine the percent composition of a 
substance.

7.2 Connecting Atomic Mass 
to Large-Scale Mass: The Mole 
Concept
mole A quantity consisting of 6.02 3 
1023 units.

Avogadro’s number The number of 
particles in a mole; 6.02 3 1023.
molar mass The formula mass of an ele-
ment or compound, expressed in grams 
per mole.

7.3 The Mole Concept in Balanced 
Equations
stoichiometry problem A problem that 
relates the amount of one reagent or 
product to another in a chemical reac-
tion, using a balanced equation.
excess reagent In a chemical reaction, a 
reagent that is present in larger stoichio-
metric quantities than the other reagents; 
an excess reagent is not completely 
consumed. 

limiting reagent In a chemical reaction, 
a reagent that is completely consumed 
and limits the amount of product that 
can form.

7.4 Theoretical and Percent Yield
theoretical yield The amount of prod-
uct that can form in a chemical reaction, 
based on the balanced equation and the 
amount of starting materials present.
actual yield The amount that a chemist 
actually recovers from an experiment.
percent yield A measure of the effi-
ciency of a reaction; the actual yield 
divided by the theoretical yield, expressed 
as a percentage.

➜

➜ Additional Problems

7.1 Formula Mass and Percent Composition

 17. Calculate the formula mass for each of these compounds:
a. BaSO4
b. K2S
c. C6H12O6
d. FeCl3

 18. Calculate the formula mass for each of these compounds:
a. NaNO2
b. PCl3
c. UF6
d. Mg3(PO4)2

➜

 19. What is the percent by mass of oxygen in each of these 
compounds?
a. glucose, C6H12O6
b. ethanol, C2H6O
c. amoxicillin, C16H19N3O5S

 20. What is the percent by mass of nitrogen in each of these 
compounds?
a. urea, CH4N2O
b. nitric acid, HNO3
c. ammonium perchlorate, NH4ClO4

 21. What is the percent by mass of carbon, hydrogen, and 
 oxygen in aspirin, C9H8O4?

 22. What is the percent by mass of carbon, hydrogen, nitrogen, 
and oxygen in acetaminophen, C8H9NO2?

 23. What is the percent by mass of silver in silver nitrate? What 
mass of silver is present in a 100.0-gram sample of this 
compound?

 24. What is the percent by mass of iron in iron(III) oxide? 
What mass of iron is present in a 314.5-gram sample of this 
compound?

 25. What technique is commonly used to measure the formula 
mass of a compound?

 26. What technique is commonly used to measure the percent 
composition of a compound?
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 29. A forensics lab analyzes a small amount of a substance con-
taining carbon, hydrogen, and nitrogen. The compound 
is suspected to be either heroin, a highly addictive nar-
cotic with the formula C21H23NO5, or morphine—a related 
compound with the formula C17H19NO3. After conducting 
an elemental analysis, the lab finds the sample to contain 
71.6% carbon and 6.7% hydrogen by mass. Which conclu-
sion does this evidence support?

 30. A forensics lab analyzes a small amount of a substance con-
taining carbon, hydrogen, and nitrogen. The compound 
is suspected to be either methamphetamine, a highly 
 addictive narcotic with the formula C10H15N, or methylene-
dioxypyrovalerone (MDPV)—a related compound with 
the  formula C16H21NO3. After conducting an elemental 
analysis, the lab finds the sample to contain 69.8% carbon 
and 7.7% hydrogen by mass. Which conclusion does this 
 evidence support?

 27. The mass spectrum of an unknown explosive (shown 
below) indicates that the formula mass of the unknown 
substance is 227 u. Which of these molecular formulas 
could correspond to this mass? 
a. nitroglycerin, C3H5N3O9
b. methyl nitrate, CH3NO3
c. ethylene glycol dinitrate, C2H4N2O6
d. trinitrotoluene, C7H5N3O6

 28. The mass spectrum of an illegal drug is shown below. The 
peak showing a mass of 369 u corresponds to which of the 
following compounds? 
a. cocaine, C17H21NO4
b. methamphetamine, C10H15N
c. tetrahydrocannabinol, C21H30O2
d. heroin, C21H23NO5
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7.2 Connecting Atomic Mass to Large-Scale Mass: The Mole Concept

 31. Calculate the number of grams in one mole of each of the 
following:
a. propane, C3H8
b. calcium chloride, CaCl2
c. ethylene glycol, C2H6O
d. sucrose, C12H22O11

 32. Calculate the number of grams in one mole of each of the 
following:
a. butane, C4H10
b. magnesium bromide, MgBr2
c. urea, CH4N2O
d. potassium bicarbonate, KHCO3

 33. Chemists express the mass of elements and compounds 
either in atomic mass units (u) or in grams/mole. Which 
approach is appropriate in each of these situations?
a. You need to measure out 14.2 moles of a compound.
b. You need to report the mass of a single molecule, as 

measured on a mass spectrometer.

 34. Chemists express the mass of elements and compounds 
either in atomic mass units (u) or in grams/mole. Which 
approach is appropriate in each of these situations?
a. You need to calculate the amount of reactant to add to a 

200-liter industrial reaction vessel.
b. You need to calculate the mass of a single protein 

molecule.

 35. Calculate the number of grams in each of the following:
a. 15.2 moles of KCl
b. 0.319 moles of MgSO4
c. 41.3 moles of neon

 36. Calculate the number of grams in each of the following:
a. 1.10 moles of iron(II) nitrate
b. 0.201 moles of sodium phosphate
c. 1.132 3 10–3 moles of PtCl4
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 41. Calculate the number of moles in each of the following: 
a. 12.6 g of Fe
b. 22.4 g of LiF
c. 1.9 mg of Br2

 42. Calculate the number of moles in each of the following: 
a. 123.5 g of KClO
b. 17.3 g of H2
c. 11.6 mg of Ca(ClO4)2

 43. Convert each of the following to moles and to atoms:
a. 23.4 grams of sodium metal 
b. 18.2 grams of phosphorus 
c. 192.3 grams of carbon

 44. Convert each of the following to moles and to atoms:
a. 18.7 grams of calcium metal
b. 51.9 grams of tellurium, Te
c. 178.4 grams of uranium, U

 45. Convert each of the following to moles and to molecules:
a. 11.3 grams of H2O
b. 77.3 grams of PCl3
c. 129.4 kilograms of CO2

 46. Convert each of the following to moles and to molecules:
a. 55.2 grams of O2
b. 68.2 grams of CH4
c. 31.2 kilograms of SO2

 47. Calculate the solution to each of these problems:
a. How many molecules of HCl are present in 2.0 moles of 

HCl?
b. How many gold atoms are present in 0.12 moles of 

gold?
c. How many atoms are present in 140.2 grams of zinc 

metal?

 48. Calculate the solution to each of these problems:
a. How many molecules of HBr are present in 3.0 moles 

of HBr?
b. How many atoms are present in 0.032 moles of silver?
c. How many atoms are present in 109.4 g of helium?

 49. How many moles are in a 15.3-gram sample of elemental 
copper? How many atoms of copper are present in this 
sample?

 50. How many moles are in a 201.5-gram sample of chlorine 
gas, Cl2? How many molecules of Cl2 are present in this 
sample?

 51. A sample contains 205.2 moles of water. How many mole-
cules of water are present in this sample? What is the mass 
of this sample in grams?

 52. A room contains 19.4 moles of oxygen gas. How many O2 
molecules are present in this room? What is the mass of this 
amount of oxygen in grams?

 53. What is the mass in grams of 3.192 3 1022 atoms of zinc?  54. What is the mass in grams of 1.191 3 1024 atoms of 
vanadium?

 55. What is the mass in grams of 1.372 3 1023 molecules of 
hydrogen gas?

 56. What is the mass in grams of 1.314 3 1024 molecules of 
 sulfur dioxide?

 57. Sucrose (table sugar) has a molar mass of 342.30 g/mole. 
How many sucrose molecules are in a 5-pound bag of 
sugar? (1 pound 5 453.6 grams.)

 58. Methanol (CH4O) has a molar mass of 32.04 g/mole. It 
has a density of 0.791 g/mL. How many molecules are in a  
500-mL bottle of methanol?

7.3 The Mole Concept in Balanced Equations

 59. Lead and oxygen gas combine to form lead(IV) oxide, as 
shown here. If 20 moles of Pb react with oxygen in this way, 
how many moles of O2 are consumed? How many moles of 
PbO2 are produced?

Pb (s) 1 O2 (g) ➔ PbO2 (s)

 60. Lithium and bromine combine to form lithium bromide, 
as shown here. If 30 moles of Li react with bromine in this 
way, how many moles of Br2 are consumed? How many 
moles of LiBr are produced?

2 Li (s) 1 Br2 (I) ➔ 2 LiBr (s)

 39. Calculate the number of moles in each of the following: 
a. 182.5 grams of Mg
b. 29.3 grams of Cl2
c. 304.1 grams of Pb

 40. Calculate the number of moles in each of the following:
a. 32.3 grams of NaCl
b. 11.6 grams of CO2
c. 508.3 grams of C2H2

 37. Calculate the number of grams in each of the following:
a. 1.50 moles of gold
b. 24.3 moles of BF3
c. 0.131 moles of helium

 38. Calculate the number of grams in each of the following:
a. 1.29 moles of cobalt(II) chloride
b. 11.1 moles of potassium carbonate
c. 4.922 3 10–2 moles of CuCl2
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 61. Zinc metal reacts with hydrochloric acid, as shown in this 
balanced equation. If 3.0 moles of Zn reacts in this way, 
how many moles of HCl are consumed? How many moles 
of ZnCl2 and H2 are produced?

Zn (s) 1 2 HCl (aq) ➔ ZnCl2 (aq) 1 H2 (g)

 62. Tin metal reacts with silver nitrate solution, as shown in 
the reaction here. If 5.0 moles of tin reacts in this way, how 
many moles of AgNO3 are consumed? How many moles of 
Sn(NO3)2 and Ag are formed?

Sn (s) 1 2 AgNO3 (aq) ➔ Sn(NO3)2 (aq) 1 2 Ag (s)

 63. Potassium metal reacts with water according to this bal-
anced equation: 

2 K (s) 1 2 H2O (l) ➔ 2 KOH (aq) 1 H2 (g)

a. If one mole of potassium reacts in this manner, how 
many moles of water are consumed?

b.  If one mole of potassium reacts in this manner, how 
many moles of H2 are produced?

c.  How many moles of potassium are required to produce 
14.0 moles of H2?

d.  How many moles of KOH are produced if 3,014.2 
moles of H2O are consumed?

 64. Elemental boron reacts with fluorine gas according to this 
balanced equation: 

2 B (s) 1 3 F2 (g) ➔ 2 BF3 (g)

a. How many moles of BF3 are produced if 10 moles of 
boron are consumed?

b.  How many moles of F2 are required to react with 10 
moles of boron?

c.  How many moles of F2 are required to produce 60 
moles of BF3?

d.  How many moles of B are required to react with 18 
moles of F2?

 65. Zinc reacts with hydrochloric acid to form zinc chloride 
and hydrogen gas, as shown in this equation:

Zn (s) 1 2 HCl (aq) ➔ ZnCl2 (aq) 1 H2 (g)

If 14.2 g of zinc reacts in this way,
a. How many moles of zinc are consumed?
b. How many moles of HCl are consumed?
c. How many moles of ZnCl2 can be produced?
d. How many grams of ZnCl2 can be produced?

 66. In aqueous solution, sodium iodide reacts with lead(II) 
nitrate to give solid lead(II) iodide and aqueous sodium 
nitrate, as shown in this equation. In one experiment, it is 
found that 8.34 grams of PbI2 were produced.

2 NaI (aq) 1 Pb(NO3)2 (aq) ➔ PbI2 (s) 1 2 NaNO3 (aq)

Based on this reaction,
a. How many moles of PbI2 were produced?
b. How many moles of NaNO3 were produced?
c. How many moles of NaI were consumed?
d. How many grams of NaI were consumed?

 67. Copper(I) bromide reacts with magnesium metal  according 
to this equation:

2 CuBr (aq) 1 Mg (s) ➔ 2 Cu (s) 1 MgBr2 (aq)

If 0.253 moles of magnesium react in this way,
a. How many grams of CuBr will be consumed?
b. How many grams of Cu will be produced?
c. How many grams of MgBr2 will be produced?

 68. Silver nitrate reacts with calcium chloride according to this 
equation:

2 AgNO3 (aq) 1 CaCl2 (aq) ➔ Ca(NO3)2 (aq) 1 2 AgCl (s)

If 0.403 moles of AgCl are produced in this reaction,
a. How many grams of Ca(NO3)2 are produced?
b. How many grams of AgNO3 are consumed?
c. How many grams of CaCl2 are consumed?

 69. The reaction of iron metal with copper(II) bromide is 
shown in this balanced equation. How many grams of 
iron(II) bromide result from the reaction of 23.6 grams of 
iron metal?

CuBr2 (aq) 1 Fe (s) ➔ Cu (s) 1 FeBr2 (aq)

 70. The reaction of sulfuric acid with potassium hydroxide is 
shown in this balanced equation. If 19.07 grams of KOH 
reacts with excess sulfuric acid, how many grams of water 
are produced?

H2SO4 (aq) 1 2 KOH (aq) ➔ 2 H2O (aq) 1 K2SO4 (aq)

 71. Nitric acid reacts with ammonia to produce ammo-
nium nitrate, as shown here. In this reaction, how many 
grams of NH3 are required to produce 1,000 grams of 
NH4NO3?

HNO3 (aq) 1 NH3 (aq) ➔ NH4NO3 (aq)

 72. Water reacts with sulfur trioxide to produce sulfuric acid, 
as shown here. In this reaction, how many grams of SO3 are 
required to produce 500 grams of H2SO4?

H2O (l) 1 SO3 (g) ➔ H2SO4 (aq)
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 75. When heated, calcium carbonate decomposes to form 
calcium oxide and carbon dioxide, as shown in this equa-
tion. If 150.0 grams of CaCO3 reacts in this way, how many 
grams of CaO and CO2 are produced? 

CaCO3 (s) ➔ CaO (s) 1 CO2 (g)

 76. Hydrogen peroxide, H2O2, decomposes to form water and 
oxygen gas, as shown in this reaction. If 10.0 grams of H2O2 
reacts in this way, how many grams of H2O and O2 are 
produced? 

2 H2O2 (aq) ➔ 2 H2O (l) 1 O2 (g)

 77. Potassium hydroxide and iron(II) chloride react as shown 
here. If 3.1 moles of KOH are consumed in this reaction, 
how many grams of Fe(OH)2 are produced?

2 KOH (aq) 1 FeCl2 (aq) ➔ 2 KCl (aq) 1 Fe(OH)2 (s)

 78. Hydrofluoric acid neutralizes magnesium hydroxide as 
shown here. In this reaction, how many moles of Mg(OH)2 
are needed to react with 0.4 grams of HF?

2 HF (aq) 1 Mg(OH)2 (aq) ➔ MgF2 (aq) 1 2 H2O (l)

 79. Metallic tin reacts with chlorine gas as shown here:

Sn (s) 1 2 Cl2 (g) ➔ SnCl4 (s)

  If 0.253 moles of tin react in this way, 
a. How many grams of Cl2 are consumed?
b. How many molecules of Cl2 are consumed?
c. How many grams of SnCl4 are produced?

 80. This balanced equation shows the combustion of propane 
gas (C3H8):

C3H8 (g) 1 5 O2 (g) ➔ 3 CO2 (g) 1 4 H2O (g)

  If 100.0 g of C3H8 reacts in this way,
a. How many moles of O2 are consumed?
b. How many grams of CO2 are produced?
c. How many molecules of H2O are produced?

 81. The reaction of sulfur dioxide with oxygen gas is repre-
sented in this balanced equation and the molecular depic-
tion below. In this depiction, which reagent is the excess 
reagent? Which is the limiting reagent? 

2 SO2 1 O2 ➔ 2 SO3

 82. The reaction of boron with chlorine gas is represented in 
this balanced equation and the molecular depiction below. 
In this depiction, which reagent is the excess reagent? 
Which is the limiting reagent? 

2 B 1 3 Cl2 ➔ 2 BCl3
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 83. Consider the following generic reaction:

3 A 1 B ➔ C 1 D

  If this reaction is carried out using 8.0 moles of A and 3.0 
moles of B, 
a. What is the limiting reagent in the reaction?
b. How many moles of C are formed in this reaction?

 84. Consider the following generic reaction:

A 1 2 B ➔ C 1 D

  If this reaction is carried out using 3.0 moles of A and 5.0 
moles of B, 
a. What is the limiting reagent in the reaction?
b. How many moles of C are formed in this reaction?

 73. Calcium reacts with oxygen gas, as shown in this  balanced 
equation. How many grams of calcium oxide can be 
 produced from 15.0 grams of oxygen gas?

2 Ca (s) 1 O2 (g) ➔ 2 CaO (s)

 74. At high temperatures, nitrogen gas and hydrogen gas react 
to form ammonia, as shown in this balanced equation. How 
many grams of hydrogen gas are required to react with 
200.0 grams of nitrogen gas?

N2 (g) 1 3 H2 (g) ➔ 2 NH3 (g)
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 87. Iron and sulfur react according to this equation:

Fe (s) 1 S (s) ➔ FeS (s)

  If 0.10 moles of iron are combined with 0.13 moles of sulfur, 
what is the limiting reagent? How many moles of iron(II) 
sulfide can form in this reaction?

 88. Copper and bromine react according to this equation:

Cu (s) 1 Br2 (l) ➔ CuBr2 (s)

  If 0.39 moles of copper are combined with 0.25 moles of 
bromine, what is the limiting reagent? How many moles of 
copper(II) bromide can form in this reaction?

 85. Calcium oxide reacts with water to form calcium hydrox-
ide, as shown in this equation:

CaO (s) 1 H2O (I) ➔ Ca(OH)2 (s)

  If a bag of calcium oxide is dropped into a lake, which 
reagent likely will be the limiting reagent? 

 86. Ethanol is a common component in lighter fluid, which is 
used to ignite charcoal in a barbeque grill. Here is the reac-
tion for the combustion of ethanol:

2 C2H6O (I) 1 6 O2 (g) ➔ 4 CO2 (g) 1 6 H2O (g)

  If you apply the lighter fluid to charcoal in an open grill and 
ignite it, which reagent likely will be the limiting reagent? 
Why is this so?

 89. Potassium reacts aggressively with water, as shown in this 
equation. If 0.20 grams of potassium are added to 15.0 
grams of water, what is the limiting reagent? What mass of 
KOH can be produced in this reaction?

2 K (s) 1 2 H2O (l) ➔ 2 KOH (aq) 1 H2 (g)

 90. Phosgene (COCl2) reacts with ammonia (NH3), as shown 
in this reaction. If 1.2 grams of COCl2 are added to 10.5 
grams of NH3, what is the limiting reagent? What mass of 
CH4N2O can be produced in this reaction?

COCl2 (g) 1 2 NH3 (g) ➔ CH4N2O (g) 1 2 HCl (g)

 91. Sodium metal reacts with elemental iodine to form sodium 
iodide, as shown here:

2 Na (s) 1 I2 (s) ➔ 2 NaI (s)

  If 10.0 moles of sodium are combined with 6.0 moles of I2,
a. What is the limiting reagent?
b. How much of the excess reagent is used in the reaction?
c. How much of the excess reagent is left over?

 92. Aluminum metal reacts with elemental chlorine to form 
aluminum chloride, as shown here:

2 Al (s) 1 3 Cl2 (g) ➔ 2 AlCl3 (s)

  If 12.0 moles of aluminum are combined with 15.0 moles  
of Cl2, 
a. What is the limiting reagent?
b. How much of the excess reagent is used in the reaction?
c. How much of the excess reagent is left over?

 93. Thionyl chloride (SOCl2) reacts violently with water, as 
shown here: 

H2O (I) 1 SOCl2 (g) ➔ SO2 (g) 1 2 HCl (aq)

  If 20.0 g of water is combined with 50.0 g of SOCl2,
a. What is the limiting reagent in this reaction?
b. What mass of excess reagent is used in the reaction?
c. What mass of excess reagent is left over?

 94. Phosphorus trichloride reacts with water, as shown here:

PCl3 (I) 1 3 H2O (I) ➔ H3PO3 (aq) 1 3 HCl (aq)

  If 60.0 g of water is combined with 137.3 g of PCl3,
a. What is the limiting reagent in this reaction?
b. What mass of excess reagent is used in the reaction?
c. What mass of excess reagent is left over?

 95. Silicon (28 g, 1.0 mole) and oxygen gas (128 g, 4.0 moles) 
are reacted in a sealed container. At the end of the reaction, 
how much silicon, oxygen, and silicon dioxide are present 
in the container? To answer the question, complete this 
table:

Si   1  O2 ➔ SiO2

Starting Moles  1.0 mol 4.0 mol 0 mol

Change –1.0 mol

Ending Moles

Ending Grams

 96. Methane gas (16 g, 1.0 mole) and oxygen gas (96 g, 3.0 
moles) are reacted in a sealed container. At the end of the 
reaction, how much methane, oxygen, carbon dioxide, and 
water are present in the container? To answer the question, 
complete this table:

CH4   1  2 O2 ➔ CO2   1 2 H2O

Starting Moles  1.0 mol 3.0 mol 0 mol 0 mol

Change –1.0 mol

Ending Moles

Ending Grams
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7.4 Theoretical and Percent Yield

 99. What are two of the most common causes for a percent 
yield that is below 100%?

 100. Is it possible for a reaction to occur with a yield that is 
greater than 100%? Why or why not?

 101. Based on the amounts of starting materials used, a chem-
ist calculates a possible yield of 210.3 grams in a reaction. 
However, after isolating her purified product, she finds that 
she has only 194.1 g of product. What is her percent yield 
for this reaction?

 102. Based on the amounts of starting materials used, a chemist 
calculates a possible yield of 51.3 grams in a reaction. How-
ever, after isolating her purified product, she finds that she 
has only 45.1 g of product. What is her percent yield for this 
reaction?

 103. Consider this generic reaction:

A 1 2 B ➔ C 1 D

  If this reaction is carried out using 1.5 moles of A and 4.0 
moles of B, 
a. What is the limiting reagent in this reaction?
b. What is the theoretical yield (in moles) of compound D?
c. If 1.2 moles of compound D were isolated, what would 

the percent yield of D be for this reaction?

 104. Consider this generic reaction:

A 1 2 B ➔ C 1 2 D

  If this reaction is carried out using 2.5 moles of A and 4.0 
moles of B, 
a. What is the limiting reagent in this reaction?
b. What is the theoretical yield (in moles) of compound C?
c. If 1.6 moles of compound C is isolated, what is the 

 percent yield of C for this reaction?

 105. A chemist carries out this reaction, starting with 14.2 g of 
C6H6 and an excess of Br2:

C6H6 (l) 1 Br2 (l) ➔ C6H5Br (g) 1 HBr (g)

a. What is the theoretical yield for the reaction?
b. If he isolated 16.3 grams of C6H5Br, what is his  percent 

yield for this reaction?

 106. A chemist carries out this reaction, beginning with 2.10 
grams of NaBr and 3.25 grams of Pb(NO3)2:

2 NaBr (aq) 1 Pb(NO3)2 (aq) 
➔ PbBr2 (s) 1 2 NaNO3 (aq)

a. Which starting material is the limiting reagent? 
b. What is the theoretical yield of PbBr2 in this reaction?
c. If the chemist actually isolates 3.5 grams of PbBr2, what 

is the percent yield of the reaction?

 107. A chemist carries out the following reaction, beginning with 
4.20 g of MgCl2 and 3.43 g of Na3PO4. After the reaction is 
complete, she is able to isolate 2.14 grams of Mg3(PO4)2 as a 
white solid.

3 MgCl2 (aq) 1 2 Na3PO4 (aq) 
➔ Mg3(PO4)2 (s) 1 6 NaCl (aq)

a. Which starting material is the limiting reagent?
b. What is the theoretical yield of Mg3(PO4)2 in this 

reaction?
c. What was her percent yield of Mg3(PO4)2 in this 

reaction?

 108. A chemist dissolves 0.401 g of AgNO3 in a beaker of water 
and 0.253 g of MgCl2 in a second beaker of water. She then 
combines the two solutions, which together form AgCl as a 
white precipitate. She isolates the AgCl and finds its mass to 
be 0.292 g. Here is the balanced equation for this reaction:

2 AgNO3 (aq) 1 MgCl2 (aq) 
➔ 2 AgCl (s) 1 Mg(NO3)2 (aq)

a. Which starting material is the limiting reagent?
b. What is the theoretical yield of AgCl in this reaction?
c. What was the percent yield of AgCl in this reaction?

 97. This reaction shows the neutralization of phosphoric acid 
(H3PO4) with potassium hydroxide (KOH):

H3PO4 (aq) 1 3 KOH (aq) ➔ K3PO4 (aq) 1 3 H2O (l)

  If 96.3 grams of H3PO4 are combined with 150.0 g of KOH,
a. What is the limiting reagent in this reaction?
b. What mass of water can be produced in this reaction?
c. What mass of excess reagent will be left over in this 

reaction?

 98. This equation shows the reaction of ethylene with molecu-
lar bromine:

C2H4 (g) 1 Br2 (l) ➔ C2H4Br2 (l)

  If 32.0 grams of C2H4 are combined with 172.0 grams  
of Br2,
a. What is the limiting reagent in this reaction?
b. What mass of C2H4Br2 can be produced in this 

reaction?
c. What mass of excess reagent will be left over in this 

reaction?
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Test Tube A
Aqueous Solution

Tube B
Aqueous Solution

Observation Combined Masses
Before Reaction

Combined Masses
After Reaction

1 sodium chloride Potassium bromide Nothing observed 20.07 g 20.06 g

2 Lead(ii) nitrate sodium iodide yellow precipitate 17.84 g 17.81 g

3 silver nitrate sodium chloride White precipitate 20.44 g 20.42 g

4 sodium carbonate hydrochloric acid Bubbles formed 18.51 g 16.92 g

Challenge Questions

 109. You are conducting a set of experiments to see if it is pos-
sible to determine the type of wood used in a campfire by 
analyzing the ashes. In the laboratory, you weigh out 500 
grams of hickory wood chips. You then burn the wood in 
a simulated campfire. After collecting the ashes, you find 
that only 37 grams of ashes are present. Does this finding 
conflict with the law of conservation of mass? How can you 
explain your findings? 

 110. You are conducting a series of experiments on mass 
changes in different chemical reactions. In each reaction 
you take two compounds dissolved in water in separate 
tubes (labeled A and B), measure the mass of both tubes 
before the reaction, and then combine the contents of the 
tubes. You observe any qualitative changes, and you also 
measure the mass of the two tubes after the reaction. Your 
observations are as follows:

  In tests 1, 2, and 3, the law of conservation of mass seems 
to be followed. However, in test 4, you see a drop in mass. 
Based on your observations, can you explain why the mass 
in this reaction appears to have decreased?

 111. Ethyl acetate (C4H8O2) is a sweet-smelling liquid  commonly 
found in nail polish removers. Industrially, this com-
pound is produced from acetic acid HC2H3O2 and ethanol 
(C2H6O) through this reaction:

HC2H3O2 (l) 1 C2H6O (l) ➔ C4H8O2 (l) 1 H2O (l)

a. Using the table provided, calculate both the mass and 
volume of ethanol required to completely react with 
400.0 L of acetic acid.

b. What is the theoretical yield of ethyl acetate in this reac-
tion? Report your answer in grams, kilograms, and liters.

Compound Molar Mass Density

acetic acid, hc2h3o2 60.05 g/mole 1.049 g/mL

ethanol, c2h6o 46.07 g/mole 0.789 g/mL

ethyl acetate, c4h8o2 88.11 g/mole 0.902 g/mL

 112. Coal is a leading source of energy for the world. While coal 
is primarily composed of carbon and hydrogen, a small 
amount of sulfur is also present. This leads to the produc-
tion of pollutants such as sulfur dioxide (SO2) through the 
following reaction:

S (s) 1 O2 (g) ➔ SO2 (g)

  A sample of coal was found to contain 1.35% sulfur by 
mass. If 1,250 kg of this coal were burned, what mass of 
 sulfur dioxide could theoretically be formed?
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