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Stoichiometry

Chapter 3
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Stoichiometry: Quantity 
Relationship

Our focus in this Chapter 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 reactions.

Stoichiometry is the area of study that examines the 
quantities of substances consumed and produced in 
chemical reactions.

Stoichiometry (Greek stoicheion, “element,” and 
metron, “measure”) provides an essential set of 
tools widely used in chemistry.

3

Stoichiometry is built on an understanding of 
atomic masses, chemical formulas, and the 
law of conservation of mass.

With the advent of Dalton’s atomic theory, 
chemists came to understand the basis for 
the law of mass conservation: Atoms are 
neither created nor destroyed during a 
chemical reaction.

The changes that occur during any reaction 
merely rearrange the atoms. The same 
collection of atoms is present both before 
and after the reaction.

What will we study in this chapter?

1. Balancing chemical equations
2. Types of reactions
3. Avogadro’s number and the mole
4. Molecular and empirical formulas
5. Limiting reagent
6. Theoretical, actual and percentage 

yield
7. Calculations involving all the above
4
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The Main Concept
Look at Na2CO3 , you should recognize, and be able to 

formulate relations, like:

Na2CO3
A sodium carbonate formula is composed of 2 atoms 

of Na, one atom of C and three atoms of O.
This means that: 
No. of Na atoms = 2* No. of C atoms
No. of O atoms = 3*No. of C atoms
No. of Na atoms = (2/3) * No. of O atoms
No. of O atoms = (3/2) * No. of Na atoms
5

Na2CO3
A mole of sodium carbonate is composed of 2 moles 

Na atoms, one mole of C atoms and three moles of O 
atoms.

This means that: 
No. of moles of Na atoms = 2* No. of moles of C atoms
No. of moles of O atoms = 3*No. of moles of C atoms
No. of moles of Na atoms = (2/3) * No. of moles of O 

atoms
No. of moles of O atoms = (3/2) * No. of moles of Na 

atoms

6

In chemical reactions, like:
Na2CO3 + 2HCl g 2NaCl + H2O + CO2

We have one mole of Na2CO3  and two moles of HCl, 
therefore, can write:

No. of moles Na2CO3 = ½ * No. of moles HCl
No. of moles HCl = 2 * No. of moles Na2CO3

Also from mole relationships in the balanced equation, 
we can formulate the following:

mol Na2CO3 = mol H2O
mol Na2CO3 = mol CO2

mol CO2 = ½ * mol NaCl
mol H2O = mol CO2

etc…………
7

To complete our sense of stoichiometric calculations, 
we need to interconvert between moles, grams and 
number of atoms and molecules, etc….

Use the following:
No.of mol of a substance = g substance/FW
grams = mol * FW

1 mol of a substance = 6.02*1023 species of the 
substance

1 mol of a gas substance at STP = 22.4 L
These interconversion terms are the horse you will ride 

throughout this chapter.
8
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CHEMICAL EQUATIONS 
We represent chemical reactions by chemical 

equations. When the gas hydrogen (H2) 
burns, for example, it reacts with oxygen (O2) 
in the air to form water (H2O).We write the 
chemical equation for this reaction as:

2H2 + O2 g 2 H2O

We read the sign (+) as “reacts with” and the 
arrow (g) as “produces.” The chemical 
formulas to the left of the arrow represent the 
starting substances, called reactants. 

The chemical formulas to the right of the arrow 
represent substances produced in the reaction, 
called products. The numbers in front of the 
formulas, called coefficients, indicate the relative 
numbers of molecules of each kind involved in the 
reaction. (As in algebraic equations, the coefficient 1 
is usually not written.)

2H2 + O2 g 2 H2O

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. 

10

11

A Balanced Chemical 
Equation

12

Balancing Equations
Once we know the formulas of the reactants 

and products in a reaction, we can write an 
unbalanced equation. We then balance the 
equation by determining the coefficients that 
provide equal numbers of each type of atom 
on the two sides of the equation. 

For most purposes, a balanced equation 
should contain the smallest possible whole-
number coefficients.
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Process of Balancing Chemical 
Equations

1. Never change subscripts on chemicals as this results in a 
change of the material.

2. Start with the substance that contains atoms which appears 
least, for example:

CH4 + 2O2 g CO2 + 2H2O
Starting with any material containing oxygen is a bad choice as 

oxygen appears in 3 substances, while starting with CH4 
should be an excellent choice.

15

3. Always start with the more complicated 
compound (regardless where it 
appears), starting with one atom in a 
time.

Na2CO3 + 2HCl g 2NaCl + H2O + CO2

You should start with Na2CO3 , starting 
with adjusting the number of Na, C, and 
finally O.

16

Balance the following chemical equation:
Na + H2O g NaOH + H2

1. First, look at the more complicated compound 
which is definitely NaOH.

2. Start by the first atom (Na) where you have one on 
both sides

3. With regards to O, you also have one on each side
4. With regards to H, you have 3 in the products side 

but two on the reactants side. Therefore multiply 
H2 on right side by ½. You get:

Na + H2O g NaOH + ½ H2
5.   Do not leave fractions, therefore multiply both sides 

by 2:
2Na + 2H2O g 2NaOH + H2
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Balance the following chemical equation:
Fe + O2 g Fe2O3

1. First, look at the more complicated compound 
which is Fe2O3.

2. Start by the first atom (Fe) where you have two on 
the product side but one on the reactant side. 
Therefore, multiply the Fe on the reactant side by 2

2Fe + O2 g Fe2O3
1. With regards to O, you also have three on the 

product side but two on the reactant side. 
Therefore, multiply the O2 on the reactant side by 
(3/2) You get:

2Fe + (3/2)O2 g Fe2O3
5.   Do not leave fractions, therefore multiply both sides 

by 2:
4Fe + 3O2 g 2Fe2O3
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Balance the following chemical equation:
Al + HCl g AlCl3 + H2

1. First, look at the more complicated compound 
which is definitely AlCl3.

2. Start by the first atom (Al) where you have one on 
both sides.

3. With regards to Cl, you have three on the product 
side but one on the reactant side. Therefore 
multiply (HCl) by 3. You get:

Al + 3HCl g AlCl3 + H2
4. Now you have 3H on the left but 2 on the right side. 

Therefore multiply (H2) by 3/2 to get
Al + 3HCl g AlCl3 + (3/2)H2

5.   Do not leave fractions, therefore multiply both sides 
by 2:

2Al + 6HCl g 2AlCl3 + 3H2

19

Indicating the States of Reactants and 
Products

Symbols indicating the physical state of each reactant 
and product are often shown in chemical equations. 
We use the symbols (g), (l), (s), and (aq) for gas, 
liquid, solid, and aqueous (water) solution, 
respectively. 

Thus, Sometimes the conditions under which the 
reaction proceeds appear above or below the 
reaction arrow. The symbol ∆ (Greek uppercase 
delta) above the arrow indicates addition of heat.

CH4(g) + 2 O2(g) g CO2(g) + 2 H2O(g)

20

SOME SIMPLE PATTERNS OF CHEMICAL REACTIVITY

In this section we examine three types of reactions: 

1. combination reactions.
2. decomposition reactions. 
3. combustion reactions.

The key to predicting the products formed by a given 
combination of reactants is by recognizing general 
patterns of chemical reactivity.

Recognizing a pattern of reactivity for a class of 
substances gives you a broader understanding than 
merely memorizing a large number of unrelated 
reactions.



25/12/1435

6

21

1. Combination Reactions
In  combination reactions two or more substances react to form 

one product. For example, magnesium metal burns brilliantly in 
air to produce magnesium oxide:

2Mg(s) + O2(g) g 2 MgO(s)
This reaction is used to produce the bright flame generated by 

flares and some fireworks.

A combination reaction between a metal and a nonmetal,  
produces an ionic solid. Recall that the formula of an ionic 
compound can be determined from the charges of its ions 
When magnesium Mg2+ reacts with oxygen O2- , the magnesium 
loses electrons and forms the magnesium ion, Mg2+. The 
oxygen gains electrons and forms the oxide ion, O2

2-. 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.

22

2. Decomposition Reactions
In a decomposition reaction one substance undergoes a reaction 

to produce two or more other substances. For example, many 
metal carbonates decompose to form metal oxides and carbon 
dioxide when heated:

CaCO3(s) g CaO(s) + CO2(g)

Decomposition of CaCO3 is an important commercial process. 
Limestone or seashells, which are both primarily CaCO3, are 
heated to prepare CaO, known as lime or quicklime.

Another example is the decomposition of sodium azide (NaN3) 
which rapidly releases N2(g), so this reaction is used to inflate 
safety air bags in automobiles. 

2NaN3(s) g 2 Na(s) + 3 N2(g)

2324

3. Combustion Reactions
Combustion reactions are rapid reactions that produce 

a flame. Most combustion reactions we observe 
involve O2 from air as a reactant. Combustion 
reactions illustrate a general class of reactions 
involving the burning, or combustion, of 
hydrocarbons (compounds that contain only carbon 
and hydrogen, such as CH4 and C2H4).

C3H8(g) + 5 O2(g) g 3 CO2(g) + 4 H2O(g)

The number of molecules of O2 required and the 
number of molecules of CO2 and H2O formed depend 
on the composition of the hydrocarbon, which acts 
as the fuel in the reaction.
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Combustion of oxygen-containing derivatives of 
hydrocarbons, such as CH3OH, produces CO2 and 
H2O. Write a balanced equation for burning CH3OH in 
air.

CH3OH + O2 g CO2 + H2O
CH3OH is the more complicated molecule, therefore, 

use it as the starting point.
We have one carbon atom on both sides
We have 4 H on the left but 2 H on the right. Therefore, 

multiply H2O by 2. So we get:
CH3OH + O2 g CO2 + 2H2O

We have 3 O on the left but 4 in the right. Therefore, we 
should add one O to the left by multiplying O2 by 3/2 
to give:

CH3OH + 3/2O2 g CO2 + 2H2O
Multiply by 2 to get-rid of fractions:

2CH3OH + 3O2 g 2CO2 + 4H2O

Stoichiometry (2)

Lecture 6

26
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Formula and Molecular Weights
The formula weight of a substance is the sum of the 

atomic weights of the elements in the chemical 
formula of the substance. Using atomic weights, we 
find, for example, that the formula weight of sulfuric 
acid (H2SO4) is 98.1 amu:

FW of H2SO4 = 2(AW of H) + (AW of S) + 4(AW of O)
   = 2(1.0 amu) + 32.1 amu + 4(16.0 amu)

= 98.1 amu

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

28

 If the chemical formula is that of a molecule, the 
formula weight is also called the molecular weight. 
The molecular weight of glucose (C6H12O6), for 
example, is:

MW of C6 H12 O6 = 6(12.0 amu) + 12(1.0 amu) + 6(16.0 
amu) = 180.0 amu

Because ionic substances exist as three-dimensional 
arrays of ions it is inappropriate to speak of 
molecules of these substances. Instead, we speak of 
formula units. The formula unit of NaCl, for instance, 
consists of one Na+ ion and one Cl- ion. Thus, the 
formula weight of NaCl is defined as the mass of one 
formula unit:

FW of NaCl = 23.0 amu + 35.5 amu = 58.5 amu
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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 chemists, for example, will 
measure the percentage composition of an unknown 
powder and compare it with the percentage 
compositions for sugar, salt, or cocaine to identify 
the powder.

Calculating the percentage composition of any element 
in a substance is straight-forward if the 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.

31

Calculate the percentage of carbon, hydrogen, and 
oxygen (by mass) in C12H22O11  (FW = 342.0 amu).

32

Avogadro’s Number and the 
Mole

Even the smallest samples we deal with in the laboratory contain 
enormous numbers of atoms, ions, or molecules. For example, 
a teaspoon of water (about 5 mL) contains about 2*1023 water 
molecules. Chemists therefore have devised a counting unit for 
describing such large numbers of atoms or molecules.

In chemistry the counting unit for amount of atoms, ions, or 
molecules in a laboratory-size sample is the mole, abbreviated 
mol. 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 12C. 

From experiments, scientists have determined this number to be 
6.02214 *1023 species, which we will usually round to 6.02 *1023. 
Scientists call this value Avogadro’s number, NA.
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Therefore, Avogadro’s number is 6.02*1023 

species/mol. The unit (reads “species per mole”) 
reminds us that there are 6.02*1023 objects per one 
mole. A mole of atoms, a mole of molecules, or a 
mole of anything else each contains Avogadro’s 
number of objects:

6.02*1023 12C atom1 mol 12C

6.02*1023 H2O molecule1 mol H2O

6.02*1023 NO3
- ions1 mol NO3

-

34

Without using a calculator, arrange these samples in order 
of increasing numbers of carbon atoms: 12 g 12C, 1 mol 
C2H2, 9*1023 molecules of CO2. 

12 g of 12C contains 1 mol of C atoms, that is 6.02*1023 C 
atoms.

One mol of C2H2 contains 2*6.02*1023 C atoms. Because 
there are two C atoms in each molecule. Because each 
CO2 molecule contains one C atom, the CO2 sample 
contains 9*1023 C atoms. Hence, the order is 
C2H2>CO2>12C.

Without using a calculator, arrange these samples in order 
of increasing number of O atoms: 1 mol H2O,1 mol CO2, 
3*1023 molecules O3.

Answer: 1 mol H2O (6.02*1023 O atoms)< 3*1023 molecules O3
(3*(3*1023 O atoms ))<1 mol CO2 (2*6.02*1023 O atoms)

35

Converting Moles to Number of 
Atoms

Calculate the number of H atoms in 0.350 mol of 
C6H12O6.

mol H atoms = 12 * mol C6H12O6
Number of atoms = Number of moles of atoms * 

Avogadro’s number
mol of H atoms = 12*0.350 = 4.20
Number of H atoms = 4.20*6.02*1023 = 2.53*1024 H atom

H atoms = 0.35 mol C6H12O6*(12 mol H atom/mol 
C6H12O6)*(6.02*1023 H atom/mol H atom) = 2.53*1024 H 
atom 

36

How many oxygen atoms are in (a) 0.25 mol 
Ca(NO3)2?

(a) mol of O atoms in Ca(NO3)2 = 6 * mol 
Ca(NO3)2

mol of O atoms in Ca(NO3)2 = 6 * 0.25 = 1.5
Number of O atoms = 1.5*6.02*1023 = 9.0*1023 O 

atoms

Number of O atoms = 0.25 mol Ca(NO3)2 *(6 mol 
O atom/mol Ca(NO3)2)*(6.02*1023 O atom/mol 
O atoms) = 9.0*1023 O atoms
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How many oxygen atoms are in 1.50 mol of sodium 
carbonate (Na2CO3)?

mol of O atoms in Na2CO3 = 3* mol Na2CO3

mol of O atoms in Na2CO3 = 3*1.50 = 4.5

Number of mol of O atoms in 1.50 mol Na2CO3 = 
4.50*6.02*1023 = 2.71*1024 O atom

Number of mol of O atoms = 1.50 mol Na2CO3 *(3 mol O 
atoms/mol Na2CO3)*(6.02*1023 O atom/mol O atoms) 
= 2.71*1024 O atom

3738

Molar Mass
A mole is always the same number (6.02*1023 ) for 

any species, but 1 mol samples of different 
substances have different masses. Compare, for 
example, 1 mol 12C of and 1 mol of Mg2+. A single 
atom 12C has a mass of 12 amu, whereas a 
single atom Mg2+ is twice as massive, 24 amu (to 
two significant figures). 

Because a mole of anything always contains the 
same number of particles, a mole of Mg2+ must 
be twice as massive as a mole of 12C. Because a 
mole of 12C has a mass of 12 g (by definition), a 
mole of Mg2+ must have a mass of 24 g. 

Molar mass is simply the mass of one mole, which 
is  FW expressed in grams.

39

Mole RelationshipsThe atomic weight of an element in atomic mass units 
is numerically equal to the mass in grams of 1 mol of 
that element. For example, Cl has an atomic weight 
of 35.5 amu, therefore, 1 mol Cl has a mass of 35.5 g.

Au has an atomic weight of 197 amu, therefore, 1 mol 
Au has a mass of 197 g

For other kinds of substances, the same numerical 
relationship exists between formula weight and 
mass of one mole of a substance:

H2O has a formula weight of 18.0 amu, therefore, 1 mol 
H2O has a mass of 18.0 g.

40
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a. Which has more mass, a mole of water (H2O) or a 
mole of glucose (C6H12O6)?

b. Which contains more molecules, a mole of water or a 
mole of glucose?

a. One mol of H2O has a molar mass of 18.0g, while 1 
mol of C6H12O6 has a molar mass of 180.0g. 
Therefore a mol of C6H12O6 has greater mass than a 
mol of water

b. One mol of water has the same number of molecules 
as 1 mol of C6H12O6 .

The mass in grams of one mole of a substance is 
called the molar mass of the substance. 

43

Inter-converting Masses and Moles

Conversion of masses to moles and vice versa 
is very important. The process is easy and 
straight-forward:

And:

Mass of a Substance = mol Substance*FW
44

Calculate the number of moles of 
glucose (C6H12O6) in 5.380 g of C6H12O6.

The molar mass of a substance provides 
the factor for converting grams to 
moles. The molar mass of C6H12O6 is 
180.0 g/mol

mol C6H12O6 = (5.380/180.0) = 0.02989
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How many moles of sodium bicarbonate 
(NaHCO3) are in 508 g of NaHCO3?

Molar mass NaHCO3 = 23.0 + 1.0 + 12.0 + 
3*16.0 = 84.0 g/mol

mol NaHCO3 = {508g/84.0 (g/mol)} = 6.05

46

Calculate the mass, in grams, of 0.433 mol of calcium 
nitrate Ca(NO3)2.

FW Ca(NO3)2 = 164.1 g/mol
Mass Substance = mol Substance*FW
Mass Ca(NO3)2 = 0.433 mol*164.1 (g/mol) = 71.1g

What is the mass, in grams, of (a) 6.33 mol of NaHCO3
(FW = 84.0 g/mol) and (b) 3.0*10-5 mol of sulfuric acid 
(FW=98.1 g/mol)?

(a) g NaHCO3 = 6.33mol*84.0 (g/mol) = 532
(b) g Sulfuric acid = 3.0*10-5 mol * (98.1 g/mol) = 2.9*10-3

47

Inter-converting Masses to Number of 
Particles

The first useful step is to convert the mass to 
moles, since we know that 1 mol contains 
6.02*1023 particles

How many copper atoms are there in 3.0 g of 
copper (AW = 63.5 g/mol)

mol Copper = (mass/FW) = (3.0/63.5) = 0.047
Number of copper atoms = mol atoms*6.02*1023

(atom/mol)
Number of copper atoms = 0.047*6.02*1023 = 

2.8*1022 atoms
48

a) How many glucose molecules are in 5.23 g 
of C6H12O6 (FW = 180.0 g/mol)? (b) How 
many oxygen atoms (FW = 16.0 g/mol) are 
in this sample.

(a) mol C6H12O6 = {5.23g/180.0 (g/mol)} = 0.0291
Number of C6H12O6 molecules = 

0.0291*6.02*1023 = 1.75*1022 molecule
(b) Number of moles of O atoms = 6 * moles of 

C6H12O6 
Number of O atoms = 6* 0.0291*6.02*1023 = 

1.05*1023 atom
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a) How many nitric acid molecules are in 4.20 
g of HNO3 (FW = 63.0 g/mol)? (b) How many 
O atoms are in this sample?

(a) mol HNO3 = 4.20/63.0 = 0.0667
Number of HNO3 molecules = 0.0667*6.02*1023

= 4.01*1022 molecule

(b) There are 3 moles of O atoms per mol of 
HNO3 molecules, or:

mol O atoms  = 3 mol HNO3
Number of O atoms = mol O atoms * NA

= 3* 0.0667 *6.02*1023 = 1.20*1022 atoms

50

Empirical Formulas From 
Analysis

The empirical formula of a compound is a formula that 
shows the simplest ratio of moles of elements 
present in the compound. The ratios are denoted by 
subscripts next to the element symbols.

The empirical formula for glucose (C6H12O6) is CH2O
The empirical formula can, sometimes be the actual 

formula when the above argument is satisfied. For 
example:

The empirical and true formula for water is H2O, since 
we cannot write it simpler.

Ionic compounds are always written in the simplest 
form as these are not molecules: We write the 
formula for sodium chloride as NaCl but never as 
Na2Cl2 or Na3Cl3. 

51

Obtaining the Empirical Formula
The process is straight-forward and involves the 

following steps:
1. If the percentages of elements are known, assume a 

100 g sample and perform your calculations 
accordingly.

2. You should first calculate the number of moles of 
each element in the compound. Write the moles as 
subscripts

3. Divide the number of moles of each element by the 
smallest value of the number of moles obtained in 
step 2.

4. Do not leave fractions: convert subscripts to whole 
numbers by multiplying with a suitable factor.

52

Mercury and chlorine combine to form a 
compound that is 73.9% mercury (AW = 200.6 
g/mol) and 26.1% chlorine (FW = 35.5 g/mol) 
by mass. Find the empirical formula of the 
compound.

Assuming a 100 g sample, we can find the 
number of moles of each:

mol Hg = {73.9 g/(200.6 g/mol)} = 0.368
mol Cl = {26.1 g/(35.3 g/mol)} = 0.735
Hg0.368 Cl0.735
Divide by the smallest number of moles gives 

the empirical formula as: HgCl2
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Ascorbic acid (vitamin C) contains 40.92% C, 
4.58% H, and 54.50% O by mass. What is the 
empirical formula of ascorbic acid?

mol C = {40.92 g/(12.0 g/mol)} = 3.41
mol H = {4.58 g/(1.0 g/mol)} = 4.58
mol O = {54.50 g/(16 g/mol)} = 3.41
The mol ratio becomes: C3.41H4.58O3.41
Now, dividing by 3.41 gives: CH1.34O
Remember, no fractions allowed. Multiplying 

by 3 gives the empirical formula as: C3H4O3

54

A 5.325-g sample of methyl benzoate, a 
compound used in the manufacture of 
perfumes, contains 3.758 g of carbon, 0.316 g 
of hydrogen, and 1.251 g of oxygen. What is 
the empirical formula of this substance?

mol C = {3.758 g/(12.0 g/mol) = 0.313
mol H = {0.316 g/(1.0 g/mol)} = 0.316
mol O = {1.251 g/(16.0 g/mol)} = 0.078
The mole ratio is: C0.313H0.316O0.0782

Dividing by the smallest number gives the 
empirical formula: C4H4O

55

Molecular Formula From Empirical 
Formula

This is an easy and direct procedure where dividing the 
formula weight of the molecule by the formula 
weight of the empirical formula gives a whole 
number. The atoms in the formula are multiplied with 
this whole number to give the molecular formula.

Example: methylbenzoate (FW = 136 g/mol) has an 
empirical formula C4H4O. Find its molecular formula.

The FW of the empirical formula = 68 g
Dividing the FW of the actual molecule by that of the 

empirical formula = (136/68) = 2
The molecular formula is therefore C8H8O2

56

Mesitylene, a hydrocarbon found in crude 
oil, has an empirical formula of C3H4
and an experimentally determined 
molecular weight of 121.0 amu. What is 
its molecular formula?

The empirical FW = 3*12.0 + 4*1.0 = 40.0 g
The whole number = 121.0/40.0 = 3.02
The molecular formula is therefore C9H12
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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?

(a) mol C = {38.7g/(12.0 g/mol)} = 3.225
mol H = {9.7 g/(1.0 g/mol)} = 9.7
mol O ={51.6 g/(16.0 g/mol)} = 3.225
The mole ratio is: C3.225H9.7O3.225
Now dividing by the smallest number gives the 

empirical formula: CH3O

(b) The empirical formula weight = 31.0
Whole number factor = 62.1/31.0 = 2
The molecular formula is therefore C2H6O2

58

Determining Empirical Formula by 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, the carbon is converted to CO2 and the 
hydrogen is converted to H2O. The amounts of CO2
and H2O produced are determined by measuring the 
mass increase in the CO2 and H2O absorbers.

From the masses of CO2 and H2O 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.

5960

Isopropyl alcohol, is composed of C, H, and O. 
Combustion of 0.255 g of isopropyl alcohol produces 
0.561 g of CO2 and 0.306 g of H2O. Determine the 
empirical formula of isopropyl alcohol.

mol C = mol CO2 = {0.561g/(44.0 g/mol)} = 0.01275
g carbon = 0.01275*12.0 = 0.153
mol H = 2*mol H2O = 2*{0.306 g/(18.0 g/mol) = 0.034
g H = 0.034*1.0 = 0.034
g O = 0.255 – (0.153+0.034)= 0.068
mol O = {0.068 g/(16.0 g/mol)} = 0.00425
The mole ratio is: C0.01275H0.034O0.00425
Dividing by the smallest value gives the empirical 

formula: C3H8O
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a) Caproic acid is composed of C, H, and O atoms. Combustion 
of a 0.225-g sample of this compound produces 0.512 g CO2
and 0.209 g H2O. What is the empirical formula of caproic 
acid? (b) Caproic acid has a molar mass of 116 g/mol. What 
is its molecular formula?

(a) mol C = mol CO2 = {0.512g/(44.0 g/mol)} = 0.01164
g C = 0.01164*12.0 = 0.1396
mol H = 2*mol H2O = 2*{0.209g/(18.0 g/mol)} = 0.0232
g H = 0.0232
g O = {0.225-(0.1396+0.0232)} = 0.062
mol O = {0.062 g/(16.0 g/mol)} = 0.00389
The mole ratio is: C0.01164H0.0232O0.00389
Dividing by the smallest value gives the empirical formula: C3H6O

(b) The empirical formula weight = 3*12.0+6*1.0+1*16.0 = 58
The whole number factor = 116/58 = 2
The molecular formula is therefore C6H12O2

62

QUANTITATIVE INFORMATION FROM
BALANCED EQUATIONS

63

Be Careful!!!
In the reaction:

We can have the following conversion factors

64

Consider the combustion of butane (C4H10), the 
fuel in disposable general-purpose lighters, 
calculate the mass of CO2 produced when 1.00 g 
of C4H10 is burned. 

2C4H10 + 13 O2 g 8CO2 + 10 H2O

mol C4H10 = {1.00 g/(58.0 g/mol)} = 0.01724
mol CO2 = (8/2) mol C4H10 = 4*0.01724 = 0.069
g CO2 = 0.069 mol*(44.0g/mol) = 3.03 g



25/12/1435

17

65

Consider the combustion of butane (C4H10), the fuel in 
disposable general-purpose lighters, calculate the 
mass of O2 consumed and water produced when 
1.00 g of C4H10 is burned. 

2C4H10 + 13 O2 g 8CO2 + 10 H2O

Consider the combustion of butane (C4H10), the fuel in 
disposable general-purpose lighters, calculate the mass 
of O2 consumed and water produced when 1.00 g of C4H10
is burned. 

2C4H10 + 13 O2 g 8CO2 + 10 H2O

mol C4H10 = 1.00g/(58.0 g/mol) = 0.0172
mol O2 = (13/2) mol C4H10
mol O2 = (13/2)*0.0172 = 0.112
g O2 = mol O2*FW = 0.112*32.0 = 3.59

mol H2O = (10/2) mol C4H10 =5*0.0172 = 0.0862
g H2O = mol H2O*FW = 0.0862*(18.0 g/mol) = 1.55

66

67

Determine how many grams of water are produced in 
the oxidation of 1.00 g of glucose, C6H12O6:

C6H12O6(s) + 6 O2(g) g 6 CO2(g) + 6 H2O(l)

mol glucose = {1.00 g/{180.0 g/mol)} =5.56*10-3

mol water = 6*mol C6H12O6 = 6*5.56*10-3 = 0.0333
g water = 0.0333*18.0 = 0.600 g

68

Decomposition of KClO3 is sometimes used to 
prepare small amounts of O2 in the 
laboratory: How many grams of O2 can be 
prepared from 4.50 g of KClO3 (Fw = 122.6 
g/mol)?

2 KClO3(s) g 2 KCl(s) + 3 O2(g)

mol KClO3 = {4.50 g/(122.6g/mol)} = 0.0367
mol O2 = (3/2) mol KClO3 = (3/2)*0.0367 = 0.055
g O2 = 0.055 mol*(32.0 g/mol) = 1.76



25/12/1435

18

69

LIMITING REACTANTS
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 H2 and 1 mol O2, which 
react to form water. 

2 H2(g) + O2(g) g 2 H2O(g)

Because , the number of moles of H2 needed to react 
with one mol O2 is just 2, the other eight mol of H2
are leftover (excess). O2 is called the limiting 
reactant, because the reaction depends on how 
much O2 is present as H2 is in excess.

70

Now look at the case were you have 10 
mol of H2 but 7 mol of O2 for the 
previous reaction:

2 H2(g) + O2(g) g 2 H2O(g)

We know that 2 moles of H2 react with 
one mol of O2. Therefore 10 mol H2 will 
react with 5 mol O2. This will leave 2 
mol O2 unreacted. This means that H2 in 
this case is the limiting reactant.

71

Finding the Limiting Reactant
The procedure is also straightforward and 

logical:
1. You should balance the chemical equation
2. Convert masses into moles
3. Divide the number of moles given for each 

reactant by the stoichiometric number of 
moles in the balanced chemical equation

4. The reactant with the smaller value is the 
limiting reactant 

72

Assume you have 10 mol of H2 and 7 mol of O2 , find 
the limiting reactant in the reaction:

2 H2(g) + O2(g) g 2 H2O(g)

Therefore, H2 is the limiting reactant
One Can also look at the problem this way:
mol H2O formed = mol H2 = 10
mol H2O formed = 2*mol O2 = 2*7 = 14
Therefore, H2 is the limiting reactant

7 mol10 mol
2H2(g)     +    O2(g)         g 2H2O(g)

7/110/2
75
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The most important commercial process for converting 
N2 from the air into nitrogen-containing compounds 
is based on the reaction of N2 and H2 to form 
ammonia (NH3):

How many moles of NH3 can be formed from 3.0 mol of 
N2 and 6.0 mol of H2?

N2(g) + 3 H2(g) g 2 NH3(g)

First, we should find the limiting reactant since it will 
affect how much product we have.

Let us find the ratio of moles to stoichiometric 
coefficients:

For N2 = 3.0/1 = 3.0,  and  For H2 = 6.0/3 = 2.0
Therefore, the H2 is the limiting reactant.
mol NH3 = (2/3) mol H2 = (2/3)*6 = 4

74

The reaction:
2H2(g) + O2(g) g 2 H2O(g)

is used to produce electricity in a hydrogen fuel cell. 
Suppose a fuel cell contains 150 g of H2(g) and 1500 
g of O2(g). How many grams of water can form?

First, find moles of each:
mol H2 = {150 g/(2.0 g/mol)} = 75
mol O2 = {1500 g/(32.0 g/mol)} = 46.875
Now we should find the limiting reactant by dividing 

moles of each by the stoichiometriuc coefficient in 
the equation:

For H2 = 75/2 = 37.5
For O2 = 46.875/1 = 46.875
Therefore, H2 is the limiting reactant.
Moles H2O formed = 1* moles H2 = 1*75 = 75
g H2O = {75 mol*(18.0 g/mol)} = 1350

75

The reaction:
2H2(g) + O2(g) g 2 H2O(g)

is used to produce electricity in a hydrogen 
fuel cell. Suppose a fuel cell contains 150 g 
of H2(g) and 1500 g of O2(g). How many 
grams of unreacted O2 will be left?

Since H2 is the limiting reactant (from previous 
slide):

mol O2 reacted = ½ mol H2 = ½ * (150/2.0) = 
mol O2 reacted = ½ * 75 = 37.5
g O2 reacted = 37.5*32 = 1200
g O2 unreacted = 1500 – 1200 = 300g

76

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 AgNO3(aq) g 2 Ag(s) + Zn(NO3)2(aq)
a) Which reactant is limiting?  (b) How many grams of 

Ag form?  (c) How many grams of Zn(NO3)2 form? 
(d) How many grams of the excess reactant are left 
at the end of the reaction?

a. mol Zn = {2 g/(65.4 g/mol)} = 0.03058
mol AgNO3 = {2.5 g/(169.9g/mol)} = 0.0147
Divide mol/stoichiometric factor to get the LR
For Zn = 0.03058/1 = 0.03058
For AgNO3 = 0.0147/2 = 0.0074
Therefore AgNO3 is the LR
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b. Get mol Ag then convert it to grams
mol Ag = mol AgNO3 = 0.0147
g AgNO3 = 0.0147mol*(107.9 g/mol) = 1.59
c. mol Zn(NO3)2 = ½ mol AgNO3 = ½*0.0147 = 

0.0074
g Zn(NO3)2 = 0.0047mol*(189.4g/mol) = 1.40
d. mol Zn reacted = ½ mol AgNO3 = ½*0.0147 = 

0.0074
g Zn reacted = mol Zn* AW = 0.0074*65.4 = 0.48
g Zn unreacted = 2.00 – 0.48 = 1.52 g

78

Theoretical Yields
The quantity of product calculated (theoretically) to form 

when all of a limiting reactant is consumed is called the  
theoretical yield. The amount of product experimentally 
obtained, called the actual yield, is always less than (and 
can never be greater than) the theoretical yield. 

There are many reasons for this difference. Part of the 
reactants may 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 of the 
product from the reaction mixture. The percent yield of a 
reaction relates actual and theoretical yields:

79

Adipic acid, H2C6H8O4, is made commercially by a reaction 
between cyclohexane (C6H12) and O2:

2C6H12(l) + 5 O2(g) g 2 H2C6H8O4(l) + 2 H2O(g)
Assume that you carry out this reaction with 25.0 g of 

cyclohexane and that cyclohexane is the limiting reactant. (a) 
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?

a. mol adipic acid = mol C6H12 = {25.0 g*(84.0 g/mol)} = 0.298
g Adipic acid = mol*FW = {0.298mol*(146.0g/mol)} = 43.5 g
This is the theoretical yield

b.

Percent yield = {33.5/43.5}*100% = 77.0%

100
yield ltheoretica

yield actual= yieldPercent ×

80

Imagine you are working on ways to improve the 
process by which iron ore containing Fe2O3 is 
converted into iron:

Fe2O3(s) + 3 CO(g) g 2 Fe(s) + 3 CO2(g)
a) If you start with 150 g of Fe2O3 as the limiting 

reactant, what is the theoretical yield of Fe?
b) If your actual yield is 87.9 g, what is the percent 

yield?

a. mol Fe = 2* mol Fe2O3 = {2* {150 g/(159.7 g/mol)} = 
1.879

g Fe formed (theoretical) = mol*AW = 1.879*55.8 = 105

b. Percent yield = {87.9/105}*100% = 83.9%
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In the reaction:
2Al(s) + 3Cl2(g) g 2AlCl3(s)

If 1.50 mol of Al(s) and 3.00 mol of Cl2(g) are mixed, (a) 
find the limiting reactant, (b) how many moles 
AlCl3(s) are formed?, (c) how many moles of excess 
reactant will be left at end of reaction?

a. Divide mol/stoichiometric factor to get the LR
For Al = 1.50/2 = 0.750, and for Cl2 = 3.00/3 = 1.00.  

Therefore, Al is the LR

b. mol AlCl3 = mol Al = 1.50
c. mol Cl2 reacted = 3/2 mol Cl2 = 3/2*(1.50) = 2.25
mol Cl2 left = 3.00 - 2.25 = 0.75 

81

That is All on Stoichiometry

82


