
Chapter 3 
 
1. With all these protons, neutrons and electrons within the atom, how do we 
calculate how much mass they have? Originally chemists used relative 
atomic masses. 
 
EX. Experiments showed that a single oxygen atom is 1.33 times heavier 

than a single carbon atom. 
 
However, this is tedious and not easy to use. So, chemists devised a standard 
to define all other masses. In 1961, a carbon atom with 6 protons and 6 
neutrons was assigned a mass value of 12.000. Since oxygen is 1.33 times 
heavier, its mass now becomes 16.000. 
 
Notice here that these masses do NOT have units. Therefore, they fail Dr. 
OverbyÕs rule of units. Therefore, the amu, or atomic mass unit, was 
introduced. 
 
One amu equals exactly one-twelfth the mass of an atom of carbon with 6 
protons and 6 neutrons. 
 
Now a carbon atom has a mass of 12 amu, while oxygen has a mass of 16 
amu. 
 
Because the amu is a unit of mass, it can be related to other units of mass 
using conversion factors: 1 amu = 1.661 × 10Ð24g 
 
Consider ThompsonÕs experiments with neon. It was later found that three 
isotopes of neon had the following weights relative to that of carbon-12. 
 

neon-20: 19.992 amu 
neon-21: 20.994 amu 
neon-22: 21.991 amu 

 
However, since not all isotopes of an element occur in the same amount, we 
can talk about the fractional abundance of isotopes (percent abundances) 

 
neon-20: .9051 (90.51%) 
neon-21: .0027 (0.27%) 



neon-22: .0922 (9.22%) 
 
If we could count 10,000 atoms of neon, 9051 would be Neon-20, 27 would 
be Neon-21 and the remaining 922 would Neon-22. 
 
Because a sample of neon has some of these atoms with a mass of 19.992 
amu, some with 20.994 amu and some with 21.991 amu, the average must be 
somewhere in between these values. This average mass is called the atomic 
mass or atomic weight. We then can define the average atomic mass 
(atomic weight) of an element to be the weighed average of the masses of 
the naturally occurring isotopes. To find this we multiply each isotopic mass 
(in amu) by its fractional abundance, and then add them all together. 
 
EX. For neon, we have: 

Neon 20: 19.992 amu × 0.9051 = 18.09 amu 
Neon 21: 20.994 amu × 0.0027 = 0.057 amu 
Neon 22: 21.991 amu × 0.0922 = 2.03 amu 
SUM = 20.18 Same as on periodic table to 4 significant figures. (use 
superscripts in notation, as in 22Ne). 

 
2. How do we count atoms? We have defined the mass of an individual 
atom, but it is such a small quantity that chemists have to use some 
convenient way of describing just how many atoms are being used at a time. 
It can make a big difference to the outcome of a reaction. 
 
If you think about the way you buy things in a store, we either count them or 
weigh them. You buy 6 pencils or 12 oranges, but you buy peanuts (other 
suggestions?) by the poundÐit would be too much work to count them one 
by one. 
 
In the same way, it is more convenient to weigh atoms than to count them. If 
you could count a million atoms a sec, would take over 150 million years to 
count the molecules in a piece of chalk! 
 
Thus chemists use the idea of a mole when they deal with numbers of atoms 
and ions.  
 



Def.: ÒA mole (mol) is the quantity of substance containing as many 
elementary units (atoms, ions, molecules or other particles) as the number of 
atoms in exactly 12 g of the carbon-12 isotope.Ó 
 
Note: one mole always contains the same number of particles, no matter 
what the substance 
 
One mole of water has the same number of H2O molecules as carbon atoms 
in 12g of carbon-12 
 
The number of atoms in 12g of carbon-12 is called AvogadroÕs number 
(NA). How big is AvogadroÕs number? 
 
We can calculate from the weight of a single carbon-12 atom (C-12 atom is 
12 amu × (1.661 × 10-24 g) = 1.9927 × 10-23 g) 
 

Since 12g = mass of C-12 atom × NA, we have 
12g = 1.9927 × 10Ð23 g × NA 
NA = 12 g/1.9927 × 10Ð23 g = 6.0220 × 1023 

 
This is an enormous number. 
 
Note that this number doesnÕt have units. Like dozen, simply a name for a 
number of things. If you walked into a store and bought a mole of peanuts, 
you would have 6.022 × 1023 peanuts which would have a volume of 3 × 
1014 km3, almost three times the volume of the earth. 
 
3. The mass of 1 mole of something is called its molar mass (M) (unit: 
g/mol) or relative atomic mass. By definition, C-12 has a molar mass of 12 g 
and its atomic mass (or relative atomic mass) is also 12 amu. This holds true 
for all elements and compounds. 
 
1 Ne atom weighs 20.18 amu whereas 1 mol of Ne atoms weighs 20.18 g 
 
Extremely useful and important: Relationship between atomic and molar 
mass 
 

Mass in grams = mass in amu = relative atomic mass 
 



This relationship allows us to do calculations involving mass and the number 
of atoms. 
 
EX What is the mass of a single chlorine atom? 

Atomic mass of Cl is 35.5 amu = molar mass (relative atomic mass) is 
35.5 g/mol. Since 1 mol of Cl (35.5 g) contains AvogadroÕs no. of 
atoms (6.022 × 1023), we have 

 

mass of a Cl atom =
35.5 g Cl

1 mol Cl atoms
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EX. How many atoms in 10.0 g of neon gas? 

Atomic mass of Ne is 20.18 amu = molar mass is 20.18 g/mol. Since 1 
mol of Cl (20.18 g) contains AvogadroÕs no. of atoms (6.022 x 1023), 
we have 
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1 mol Ne atoms
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4. Just as we defined the molar mass of an element, we can define the 
molecular mass (aka molecular weight) of a molecule. Similarly we can 
define the formula mass of an ionic compound. 
 
Def: the sum of all atomic masses in the molecule (or formula unit) in amu. 
 
EX molar mass of chloroform, CHCl3? 
 

1 × atomic mass of C = 12.00 amu 
1 × atomic mass of H = 1.01 amu 
3 × atomic mass of Cl = 3 × 35.45 amu = 106.4 amu 
SUM 119.4 amu 

 
Similarly, if we have one mole of a compound, we can talk about its molar 
mass which is just the mass in g of 1 mole of the compound. Note the 
relationship between that for atoms and that for compounds: 
 

atomic mass in grams = atomic mass in amu 
molecular mass in grams = molecular mass in amu 
formula mass in grams = formula mass in amu 



 
Thus the molar mass of chloroform is 119.4 g/mol 
 
We can do similar calculations. 
 
EX How many moles of sulfuric acid (H2SO4) are in 35.7 g?  

Molar mass 
2 H × 1.01 g = 2.02 g 
4 O × 16.00 g = 64.00 g 
1 S × 32.07 g = 32.07 g 
SUM = 98.07 g/mol 
 

 

1 mol H2SO4

98.0 g H2SO4

! 35.7 g H2SO4 = 0.364 mol H2SO4  

 
If we wanted to find out how many molecules of H2SO4 there are, we 
would simply multiply by AvogadroÕs number: 
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EX How many moles are present in 0.250g of (NH3)2PtCl2 (cis-platin)? 

Molar mass 
2 N × 14.01 g = 28.02 g 
6 H × 1.01 g = 6.06 g 
1 Pt × 195.08 g = 195.08 g 
2 Cl × 35.45 g = 70.90 g 
SUM = 300.05 g/mol 
 

 

1 mol (NH3 )2 PtCl2

300.05 g
!0.250 g (NH3 )2 PtCl2 = 0.000833 or 8.33!10

"4  

 
EX How many grams are in 1.5 mol of CaCl2? 

Molar mass of CaCl2 = 110.98 g 
 

 

1.5 mol CaCl2 !
110.98 g CaCl2

1 mol CaCl2

= 166.48 g 



 
5. Obviously, the formula of a compound is one of the first things a chemist 
wants to know about. One way to find out is to determine how much of each 
element is in the compound. Remember, the law of definite proportions 
says that any pure compound always consists of the same elements 
combined in the same proportion by mass. Thus we can talk about the 
composition of compounds as a percentage composition: mass percentages 
of each element in the compound. 
 

 

Mass %=
mass of element in whole compound

mass of whole compound
!100 

 
The Chang text gives this formulation for calculating the percentage 
composition: 
 

Mass % =
n ! molar mass of element

molar mass of compound
!100%  

 
If you want, you can consider the mass % of an element to be the number of 
g in 100 g of the compound. 
 
EX. KCl 

1 K = 39.10 g 
1 Cl = 35.45 g 
SUM = 74.55 g/mol 

 

% K =
39.10 g

74.55 g
= 52.45 %

% Cl =
35.45 g

74.55 g
= 47.55 %

 

 
Note the sum of the mass percents MUST equal 100 
 
EX NH4NO3 

2 N = 28.014 g 
4 H = 4.0316 g 
3 O = 47.997 g 
SUM = 80.043 g/mol 



% N =
28.014 g

80.043 g
= 34.999 %

% H =
4.032 g

80.043 g
= 5.037 %

% O =
47.997 g

80.043 g
= 59.964 %

 

 
We can also think moles here: 

2 mol N

1 mol NH4NO3
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6. Now we can consider the reverse of what we just did and use our percent 
compositions to figure out a molecular formula.  
 
Note: to determine the molecular formula, the molar mass must be 
determined from experiment 
 
EX Calculate the empirical formula of a compound containing 11.19% H 

and 88.81% O. 
 

Step 1. IMPORTANT. Assume there is 100 g of material, then the 
percent of each element equals the grams of each element 
 
Now H = 11.19 g and O = 88.81 g 
 
Step 2. Convert to moles 
 

 

H :11.91 g !
1 mol H atoms

1.008 g H
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' = 11.10 mol H atoms

O :88.81 g !
1 mol O atoms

16.00 g O

" 
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' = 5.550 mol O atoms

 



 
Step 3. Change these numbers to whole numbers by dividing them by 
the smallest number: 
 

 

H :
11.10 mol

5.550 mol
= 2

O :
5.550 mol

5.550 mol
= 1

 

 
Therefore the simplest ratio of H:O is 2 to 1, so the empirical formula is 
H2O 

 
Mnemonic device: 

Percent to mass 
Mass to mole 
Divide by small 
Multiply Õtil whole 

 
LetÕs do another example.  
 
EX. The composition of a compound is 27.6% Mn, 24.2% S, and 48.2% O. 

What is the empirical formula of the compound? 
 

Step 1. IMPORTANT. Assume there is 100 g of material, then the 
percent of each element equals the grams of each element 
 
Now Mn = 27.60 g, S = 24.2 g and O = 48.2 g 
 
Step 2. Convert to moles 

 

Mn :27.60 g !
1 mol Mn 

54.9 g Mn
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' = 0.503 mol Mn

S :24.2 g !
1 mol S

32.07 g S
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' = 0.754 mol S

O : 48.2 g !
1 mol O

16.00 g O
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' = 3.01 mol O

 

 



Step 3. Change these numbers to whole numbers by dividing them by 
the smallest number: 
 

 

Mn :
0.503 mol

0.503 mol
= 1.00

S :
0.754 mol

0.503 mol
= 1.5

O :
3.01 mol

0.503 mol
= 5.98

 

 
Therefore the formula is Mn1S1.5O5.98. 
Note that the subscript is still not close to being a whole number. 
However multiplying by 2 will give a number that is close to a whole 
number: 
1 Mn × 2 = Mn2 
1.5 S × 2 = S3 
5.98 O × 2 = O11.96 
Therefore the formula of this compound is Mn2S3O12 

 
How can we check our work here? The best way to check the answer is to 
calculate the percent composition from the formula. This result has to agree 
with the original problem. 
 
EX Mn2S3O12 

2 Mn = 109.88 g 
3 S = 96.21 g 
12 O = 192 g 
SUM = 398.09 g/mol 

 

% Mn =
109.88 g

398.09 g
= 27.6 %

% S =
96.21 g

398.09 g
= 24.2 %

% O =
192.00 g

398.09 g
= 48.2 %

 

 
Sometimes, the empirical formula may be contain the smallest whole 
number ratios, but based on other information given, it is not the same as the 
molecular formula. 



 
EX Azulene is a beautiful blue hydrocarbon recovered from during 

petroleum distillation. It is 93.7% C has a molar mass of 128.1 g/mol. 
What are the empirical and molecular formulas of azulene? 

 

 

C:93.7 g!
1 mol C

12.00 g C
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'  = 7.802 mol C

H :6.3 g!
1 mol H

1.008 g H
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'  = 6.241 mol H  

 

C:
7.802 mol
6.241 mol

= 1.25 mol C

H :
6.241 mol
6.241 mol

= 1 mol H
 

 
Smallest whole number ratio is 5:4 to give the empirical formula of C5H4. 
But this is not the molecular formula. How do we know that? If we calculate 
the molar mass of C5H4, it is only 64.047. Since twice that give 128.08, the 
molecular formula must be twice that to give C10H8. 
 
7. We can also calculate empirical formulas if we know the percent 
composition or other pieces of information from experiment. 
 
EX. Elemental sulfur (1.256 g) is combined with F2 gas to give a compound 

with the formula SFx, a very stable colorless gas. If we isolated 5.722 g 
SFx, what is the value of x? 

 
5.722 g compound Ð1.256 g S = 4.466 g F in the compound 
 

 

S :1.256 g !
1 mol S

32.07 g S
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'  = 0.0392 mol S

F : 4.466 g !
1 mol F

19.00 g F

" 

# 
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'  = 0.235 mol F

 



 

S:
0.0392 mol
0.0392 mol

= 1 mol S

F :
0.235 mol
0.0392 mol

= 6 mol F
 

 
Therefore, there are 6 F atoms to each 1 S atom and the formula is SF6 

 
8. The first day of class we mentioned that learning chemistry is something 
like learning a new language. Part of that language is the chemical 
equation, which represents a chemical change in terms of chemical 
formulas. 
 
EX. The solid metal sodium burns in chlorine gas to produce solid sodium 

chloride. The equation to express this is written 

2 Na + Cl
2
 → 2 NaCl 

Starting substances are on the left-hand side of the equation are called 
ÒReactantsÓ 
 
Substances resulting from the reaction are placed on the right-hand side of 
the equation; called ÒproductsÓ 
 
In front of the Na is a coefficient-provides relative number of molecules or 
formula units. If the coefficient = 1, it is usually omitted. 
 
It is also useful to note the states of the chemical substances in the reaction 
using the following designations: 
 

(g) = gas 
(l) = liquid 
(s) = solid 
(aq) = aqueous (water) solution 

 
Thus now we have: 2 Na(s) + Cl2(g) → 2 NaCl(s) 
 
But wait, thereÕs more! We can note the conditions of the reaction. Heat is 
designated with a ÒdeltaÓ Δ 

 



2 NaNO3(s) 

 

!
" # "  (!) 2 NaNO3(s) + O2(g) 

 
Note: These equations say nothing about how fast a reaction goes. That will 
be covered later in Chem 112. 
 
9. If equations are a part of the Òlanguage of chemistry,Ó then we also need 
to worry about our grammar. This is what is involved in the balancing of 
equations. 
 
An equation is balanced when the number of atoms of each element are 
equal on both sides of the arrow. This should make sense because it is a 
direct consequence of atomic theory; if atoms are not created or destroyed 
during a reaction should have the same number and type both before and 
after the reaction. 
 
EX. The sodium and chlorine reaction above is balanced because there are 

equal numbers of Na and Cl atoms on both sides of the equation. 
 
Experiment must be used to determine what are the reactants and products in 
a chemical reaction. If we also know the formulas of each, we can write a 
balanced equation. LetÕs look at an example. May be something of a review 
for some of you. 
 
EX. Propane (C3H8) reacts with oxygen (O2) to form carbon dioxide (CO2) 

and water (H2O). This is called a combustion reaction. The reactants, 
products and formulas are all experimentally determined. We could 
then write: 

C3H8  +  O2 →  CO2  +  H2O 

Not balanced-coefficients must be added to equalize number of atoms 
on both sides of equation. 
 
LetÕs start with carbon; 3 C on left; only one on right. Add Ò3Ó in front 
of CO2 
 

C3H8  +  O2 →  3CO2  +  H2O 
 
Next letÕs do hydrogen; 8 on left; only two on right. Add Ò4Ó in front of 
H2O 



 
C3H8  +  O2  →  3CO2  +  4H2O 

 
Since the coefficients on the right are now fixed, we canÕt do anything 
more to change them. All thatÕs left is a coefficient on O2. On the right 
are 6 + 4 = 10 O2 molecules. Add Ò5Ó in front of O2. It all checks out. 
Note that we could have written 

2 C3H8  +  10O2  →  6 CO2  +  8 H2O 

Usually best to write equations so that the smallest whole numbers are used. 
 
Let's do another one to illustrate using the smallest whole numbers. 
 
EX. Ethane (C2H6) reacts with oxygen (O2) to form carbon dioxide (CO2) 

and water (H2O). What is the balanced equation? 
 

C2H6  +  O2 →  CO2  +  H2O 

Not balanced-coefficients must be added to equalize number of atoms 
on both sides of equation. 
 
LetÕs start with carbon; 2 C on left; only one on right. Add Ò2Ó in front 
of CO2 
 

C2H6  +  O2 →  2 CO2  +  H2O 
 
Next letÕs do hydrogen; 6 on left; only two on right. Add Ò3Ó in front of 
H2O 
 

C2H6  +  O2  →  2 CO2  +  3 H2O 
 
Since the coefficients on the right are now fixed, we canÕt do anything 
more to change them. All thatÕs left is a coefficient on O2. On the right 
are 4 + 3 = 7 O atoms. We can get 7 on each side by using the fractional 
coefficient 7/2 on the left. Add Ò7/2Ó in front of O2. This now gives us: 

C2H6  +  7/2O2  →  2 CO2  +  3 H2O 



To obtain an equation with the smallest whole numbers, we can 
multiply everything by 2: 

2 × {C2H6  +  7/2O2  →  2 CO2  +  3 H2O} 

to ultimately give: 

2 C2H6  +  7 O2  →  4 CO2  +  6 H2O 

 
10. We have been stressing the importance of measurement in chemistry, 
and measuring the quantities of products and reactants in chemical reactions 
is one of the most important types of measurements a chemist does. Such 
calculations are used to determine the stoichiometry (stoy-key-AHM-uh-
tree) of chemical reactions. Stoichiometry uses chemical equations and the 
"relationship" of mass and moles to determine to what extent chemical 
species will react with each other. The coefficients that we have been 
determining from balancing equations are called stoichiometric 
coefficients. 
 
LetÕs see how this works using a particular example. We know that nitrogen 
and hydrogen react with each other to form ammonia according to the 
equation 

N2(g) + 3 H2(g) → 2 NH3(g) 
 
Suppose we wanted to know how much hydrogen gas would be needed to 
produce one ton (2,000 lb; 907 kg) of ammonia. How would we find out? 
 
The chemical equation says that one molecule of N2 and 3 molecules of H2 
produce 2 molecules of NH3. Since we can always multiply the coefficients 
in an equation by any number we like, we could also say that one dozen N2 
molecules react with 3 dozen H2 molecules to produce 2 dozen NH3 
molecule. We could take this one step farther: 
 

6.02 × 1023 N2 molecules react with 2 × 6.02 x 1023 molecules of H2 to 
yield 2 × 6.02 × 1023 molecules of NH3. 

 



Hopefully, you can see where weÕre going. Since 6.02 × 1023 of something is 
a mole, we can also say that 1 mole of N2 molecules reacts with 3 moles of 
H2 to produce 2 moles of NH3. 
 
Thus a chemical equation can be used to describe a relationship between 
molecules (or ions) or moles of chemical substances. 
 
We can always change moles into mass, so we could also ÒinterpretÓ the 
chemical equation with molar masses. 
 
EX. Molar masses of N2 (28.0), H2 (2.02) and NH3 (17.0) g/mol. Thus we 

can also say that 28.0 g of N2 react with 3 × 2.02 (6.06) g of H2 to yield 
2 × 17.0 (34.0) g of NH3. 

 
Note: It is key to remember is that number of moles in reactions is 
proportional to the coefficients in the chemical equation. (“Mole method”) 
 
SHOW OVERHEAD Table 3.1 
 
We can then define unit factors or conversion factors to relate the various 
components of a chemical reaction. These are called stoichiometric factors. 
 
Def: mole ratio factor relating moles of the required reactant to moles of the 
other reactant 
 
In the ammonia reaction, 3 moles of hydrogen produce 2 moles of ammonia, 
so 3 mole H2 = 2 mole NH3 (= is Òchemically equivalent toÓ). Conversion 

factor is then 

 

2 mol NH
3

3 mol H
2

) or (

 

3 mol H
2

2 mol NH
3

) of chemical reactions.  

 
Now we can calculate how much hydrogen is needed to yield 907 kg of 
ammonia. Since our equation works in moles, we would first convert the 
amount of ammonia to moles. 

 

907 kg !
1000 g

1 kg
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' !

1 mol NH3

17.0 g NH3
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' = 5.34 !10

4
mol NH3 



We can use our conversion factor to determine how much hydrogen is 
required for this amount of ammonia. 
 

 

5.34!104 mol NH3 !
3 mol H2

2 mol NH3
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' = 8.01!104 mol H2 

 
The moles of H2 can be changed into grams of H2 
 

 

8.01 ! 10
4
mol H2 !

2.02 g H2

1 mol H2

" 
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'  =1.62 ! 10

5
g H2 

 
Let's do another example: 
 
EX. Chlorine can be made from hydrochloric acid by reacting it with MnO2. 

The balanced equation is: 

4 HCl(aq) + MnO2(s) → 2 H2O(l) + MnCl2(aq) + Cl2(g) 
 
How many grams of HCl will react with 5.00 g of manganese dioxide? 
 

What are the conversion factors we will need? 
1 mol MnO2 = 86.9 g MnO2 
1 mol MnO2 = 4 mol HCl 
1 mol HCl = 36.5 g HCl 

 

 

5.00 g MnO2 !
1 mol MnO2

86.9 g MnO2
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4 mol HCl

1 mol MnO2
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36.5 g HCl

1 mol HCl
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' = 8.40 g HCl

 
 
EX. Iron can be produced from Fe2O3 (hematite) by reaction with carbon 

monoxide (CO) according to the equation: 

Fe2O3  +  3 CO → 2 Fe  +  3 CO2 

How many grams of iron can be produced from 1.00 kg of Fe2O3? 
 



The calculation involves the conversion of a quantity of Fe2O3 to a quantity 
of Fe. An essential feature of this type of calculation is the conversion of 
moles of a given substance to moles of another substance. Therefore, we 
first convert the mass of Fe2O3 (1.00 kg Fe2O3 = 1.00 x 103 g Fe2O3 ) to 
moles Fe2O3. Then, we convert this to moles Fe and to grams Fe. We use 
the following information to obtain conversion factors: 
 
1 mol Fe2O3 = 160 g Fe2O3  (from the molar mass of Fe2O3 ) 
1 mol Fe2O3 reacts with 2 mole Fe (from the balanced chemical equation) 
1 mol Fe = 55.8 g Fe (from the molar mass of Fe) 
 
The calculation is as follows: 
 

 

1.00 !10
3
 g Fe2O3 !

1 mol Fe2O3

160 g Fe2O3
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2 mol Fe

1 mol Fe2O3
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55.8 g Fe

1 mol Fe
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' = 698 g Fe

 
11. Thus far, all of the calculations we have been doing assume that all 
reactants are in the exact ratio to react completely. This usually isnÕt the 
case. If there is more of one or more reactants than that required by the 
chemical equation, they will be left over at the end of the reaction. The 
reactant completely used up in the reaction is the so-called limiting 
reactant. The amount of product is fixed or limited by the number of moles 
of limiting reagent. 
 
EX. When making sandwiches you need two pieces of bread for 1 piece of 

meat and 1 piece of cheese. If you have 10 slices of bread, 7 slices of 
meat, and 8 slices of cheese, you are limited by the number of slices of 
bread as to how many sandwiches you can make. You can make five 
sandwiches and will still have two slices of meat and 3 slices of cheese 
left. In this case, the bread is the limiting reagent. 

 
SHOW OVERHEAD Figure 3.9 
 
EX. H2 and O2 react to form water according to the equation: 
 

2 H2(g) + O2(g) → 2 H2O(g) 
 
If we have exactly 2 moles of H2 and 1 mole of O2, everything is fine.  



 
If we have only 1 mole of H2 and 1 mole of O2, however, the situation is 
different. The chemical equation wonÕt change. All of the hydrogen will 
react but 1/2 mole of O2 will be left unreacted. 
 
If we want to know how much water will be produced, we have to be 
careful. Normally could use either amount of H2 or O2 to calculate moles of 
H2O, but some O2 is left over. Must start with H2, because entirely used up 

(limiting reagent). The conversion factor that applies is (1 mol H2/1 mol 
H2O). Thus we have: 
 

 

1 mol H
2
!

1 mol H
2
O

1 mol H
2

" 

# 
$ 

% 

& 
' = 1 mol H

2
O 

 
This is a simple example, but works the same for more complex cases. 

There are two steps to use: 
1) Always find which reagent is the limiting one 
2) Calculate amount of product from amount of limiting reagent. 
 
EX. We can make hydrogen chloride by burning methane (CH4) in a 

mixture of chlorine and air. 

2 CH4(g) + O2(g) + 4 Cl2(g) → 8 HCl(g) + 2 CO(g) 
 
If we have 23.0 g CH4, 65.0 g Cl2, and excess O2, how many grams of HCl 
will be produced? How many grams of the excess reactant (not oxygen) will 
be left over after the reaction is done? 
 
We first have to the find the limiting reagent. We look at each reactant and 
find out how much HCl would be produced if each were completely used up. 
Which ever gives the smaller amount of the product is the limiting reagent. 
 

 

23.0 g CH4 !
1 mol CH4

16.04 g CH4

" 

# 
$ 

% 

& 
' !

8 mol HCl

2 mol CH4

" 

# 
$ 

% 

& 
' = 5.74 mol HCl 

 

65.0 g Cl2 !
1 mol Cl2

70.91 g Cl2

" 

# 
$ 

% 

& 
' !

8 mol HCl

4 mol Cl2

" 

# 
$ 

% 

& 
' = 1.83 mol HCl 



 
Thus since using all the Cl2 would produce a smaller amount of HCl than 
using all the CH4, the Cl2 must be the limiting reagent. CH4 is left over. 
 
How much CH4 is left over? Well, how much was required to form 1.83 mol 
of HCl? 
 

 

1.83 mol HCl!
2 mol CH4

8 mol HCl

" 

# 
$ 

% 

& 
' !

16.04 g CH4

1 mol CH4

" 

# 
$ 

% 

& 
' = 7.34 g CH4  

 
But we started with 23.0 g of CH4, so the amount remaining is: 

(23.0 - 7.34) g = 15.7 g CH4 
 
12. The maximum amount of product expected from a reaction based on the 
amount of limiting reagent is called the theoretical yield. Real chemical 
reactions donÕt usually produce the theoretical yield of product, because of 
difficulties of separating the product from the reaction mixture, or perhaps 
because the reaction does not go to completion (equilibrium is involved). 
Sometimes competing reactions lower lower the yield of the desired product. 
In such cases the actual yield will be less than the theoretical yield. 
 
It is convenient to express how close the actual yield of a reaction comes to 
the theoretical yield by use of the percentage yield. 

 

% yield =
actual yield

theoretical yield

! 

" 
# 

$ 

% 
& '100 

 
Calculating percentage yield is relatively simple. In the example above, we 
predicted that we should form 66.7 g of HCl based on the amount of Cl2 
present. If we actually obtained 59.5 g, for example, the % yield would then 
be: 
Percentage yield of HCl: 
 

 

59.5 g

66.7 g

! 

" 
# 

$ 

% 
& '100 = 89.2% 

 
Let's do another to illustrate this whole procedure again. 
 



EX. If 68.5 g of C is burned in air, (a) what is the theoretical yield of carbon 
dioxide? and (b) if 237 g of carbon dioxide is actually formed, what is 
the percent yield? and (c) if a 94.4% yield is expected, how many grams 
of carbon must be burned in air to form 425 g of carbon dioxide? 

 
We need the equation first. 
 

C(s) + O2(g) → CO2(g) 
 
(a) The theoretical yield is 
 

 

68.5 g C!
1 mol C

12.00 g C

" 

# 
$ 

% 

& 
' !

1 mol CO2

1 mol C

" 

# 
$ 

% 

& 
' !

44.0 g CO2

1 mol CO2

" 

# 
$ 

% 

& 
' = 251 g CO2 

 
(b) The percentage yield is given by: 
 

 

237 g CO2

251 g CO2

! 

" 
# 

$ 

% 
& = 94.4% 

 
(c) To answer this question, we must allow for the fact that only a 94.4% 
yield of CO2 will be obtained. So knowing that, we can work backwards 
from the percentage yield equation. 
 

 

theoretical yield=
425 g CO2

94.4 %

! 

" 
# 

$ 

% 
& = 450gCO2 

 
To allow for the fact that we will obtain only a 94.4% yield, we must start 
with enough carbon to give a theoretical yield of 450 g. From the balanced 
equation we can figure that out. 
 

 

450 g CO2 !
1 mol CO2

44.00 g CO2

" 

# 
$ 

% 

& 
' !

1 mol CO

1 mol CO2

" 

# 
$ 

% 

& 
' !

12.0 g C

1 mol C

" 

# 
$ 

% 

& 
' = 123 g C 

 
13. Now that we know how to use stoichiometric relationships, we can apply 
that knowledge to solving other types of problems. For example, we can 
relate the quantity of a known reaction product to the quantity of a reactant. 
 



EX. A sample of limestone and other soil materials is heated, and the 
limestone decomposes to give calcium oxide and carbon dioxide. A 
1.506 g sample of limestone-containing material gives 0.711 g of CaO, 
in addition to gaseous CO2, after being heated at a high temperature. 
What is the weight percent of CaCO3 in the original sample? 

 
The reaction is as follows: 
 

CaCO3(s) → CaO(s) + CO2(g) 
 

 

0.711 g CaO !
1 mol CaO

56.08 g CaO

" 

# 
$ 

% 

& 
' !

1 mol CaCO3

1 mol CaO

" 

# 
$ 

% 

& 
' !

100.1 g CaCO3

1 mol CaCO3

" 

# 
$ 

% 

& 
' = 1.27 g CaCO3

 

 

1.27 g CaCO3

1.506 g sample

! 

" 
# 

$ 

% 
& '100 = 84.3% CaCO3 

 
 


