
Many chemical reactions appear not 
to use up all their reactants. While 
this might seem strange at first, such 
reactions are very common. These are 
called equilibrium reactions. Chemical 
reactions involving equilibria are all 
around us. Many even occur inside our 
bodies and play a vital role in keeping 
us alive and healthy. Equilibrium 
reactions respond to changes and 
this is an important feature in how 
they function to keep us healthy. How 
do they respond to such changes? 
Knowledge of the equilibrium law and 
the ability to predict the response to 
change is vital to the understanding 
of these reactions. Additionally, 
equilibrium reactions are at the heart 
of processes that manufacture some 
of our most widely used chemicals. 
Therefore, thorough knowledge of 
equilibrium reactions is essential to 
their manufacture.

You will examine:

 ■ the concept of a chemical equilibrium
 ■ the equilibrium law and equilibrium 
calculations

 ■ the use of graphs to represent 
equilibrium situations in chemical 
reactions

 ■ the distinction between the rate of a 
reaction and the extent of a reaction

 ■ Le Châtelier’s principle and its use to 
make predictions about changes to 
equilibrium reactions

 ■ how rate and equilibrium factors affect 
the production of certain chemicals

 ■ oxygen transport as a biological 
application of equilibrium 

 ■ carbon monoxide poisoning as an 
example of competing equilibria.

CHaPTeR

The look on this girl’s face says it all! Certain substances have 
been recognised for their sour taste for hundreds of years. 
We know today that many foods contain chemicals that are 
weak acids. In fact, the word ‘acid’ comes from the Latin 
word meaning sour. Weak acids are examples of substances 
that produce equilibrium reactions when dissolved in water 
and are a good illustration of common equilibrium systems. 
Citrus fruits, such as this lemon, contain acids including citric 
acid and ascorbic acid. The latter is also known as vitamin C 
— a substance essential to human life.

6 Equilibrium systems
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Chemical equilibrium
In all the stoichiometric calculations you have done so far, an important 
assumption has been that the reaction ‘proceeds to completion’. In other 
words, you have assumed, subject to mole ratios and amounts present, that 
all reactants are converted into products. This allowed the amount of expected 
product to be calculated. While many reactions follow this pattern, many do 
not go to completion. The following two examples illustrate this point.

Reaction 1: The decomposition of hydrogen bromide
If some hydrogen bromide is placed in a suitable container and heated, it 
decomposes according to the following equation:

2HBr(g)  H2(g) + Br2(g)

If the products are analysed after some time, it is found that the amounts of 
hydrogen and bromine are as predicted from a normal stoichiometric calcu-
lation. If the concentration of the hydrogen bromide is monitored against time, 
a graph similar to that shown on the left is obtained.

Another way to describe this reaction is that it ‘goes completely to the right’. 
The ‘right’, of course, means the product side of the chemical equation.

Reaction 2: The decomposition of hydrogen iodide
The equation for the decomposition of hydrogen iodide is:

2HI(g) ⇌ H2(g) + I2(g)

At first glance, you might expect this decomposition to be very similar to 
that shown for hydrogen bromide. However, when this decomposition is 
attempted under similar conditions to the hydrogen bromide reaction, the 
yield of hydrogen and iodine is always less than the stoichiometric prediction. 
This occurs no matter how long you wait. Furthermore, it appears that the con-
centrations of all species reach certain values and thereafter remain constant. 
The graph on the left shows this effect for hydrogen iodide.

This second example illustrates what we call an equilibrium reaction. 
Because such reactions are quite common, a method using them to make 
predictions would be a decided advantage. The profitability or otherwise of 
an important industrial process costing millions of dollars to research and 
develop could depend on such calculations.

Strictly speaking, all chemical reactions are equilibrium reactions. However, 
in many cases the degree of backward reaction (that is, products re-forming 
reactants) is so small that it can effectively be ignored.

Equilibrium reactions are also called reversible reactions, as opposed to 
irreversible reactions. Their equations show a double arrow (⇌) rather than a 
single arrow ( ).

Equilibrium reactions can be classified as homogeneous or heterogeneous, 
depending on the physical states of the substances involved. If these states are 
all the same, it is called a homogeneous equilibrium. If they are different, it is 
heterogeneous. Note that knowledge of heterogeneous equilibria is currently 
not required for VCE.

the equilibrium law
If a large number of experiments are done, it soon becomes apparent that 
every reaction, given enough time, comes to a stage at which the composition 
of the reaction mixture no longer changes. From this stage onwards, the system 
is said to be at equilibrium. If the concentrations of the substances present are 
measured at this stage, a large amount of seemingly unrelated data may be 
obtained. However, on closer analysis, a surprising result emerges.

[H
B

r]

Time

A typical concentration 
versus time graph for the 
decomposition of hydrogen 
bromide

[H
I]

Time

A typical concentration 
versus time graph for the 
decomposition of hydrogen 
iodide

Many reactions do not completely 
convert all the reactants into 
products. Some reactants always 
remain, mixed with the products 
of the reaction. These are called 
equilibrium reactions.
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157CHAPtER 6 Equilibrium systems

Table 6.1 shows the results of some experiments in which the hydrogen 
iodide reaction mentioned on the previous page was studied. In each experi-
ment, different initial amounts of the three substances involved were mixed 
and heated, and enough time allowed for equilibrium to be reached. The 
resulting equilibrium concentrations were then measured. Table 6.2 shows a 
similar set of results for the synthesis of ammonia from nitrogen and hydrogen 
(the industrially important Haber process).

As can be seen from the last column in tables 6.1 and 6.2, it is possible 
to write a concentration fraction involving the equilibrium concentrations 
that has a constant value. A closer inspection of this fraction reveals that its 
form is closely related to the equation for the reaction. The top line of the 
fraction contains the products and the bottom line contains the reactants. 
The coefficients from the chemical equation become indices to their respec-
tive concentrations in this fraction. This is the equilibrium law. The value of 
this fraction at equilibrium is called the equilibrium constant, which is often 
assigned the symbol Kc.

Table 6.1 Data for the reaction H2(g) + I2(g) ⇌ 2HI(g) (at 458 °C)

[H2] (M) [l2] (M) [Hl] (M)
Kc = 

Hi
H i

2

2 2[ ][ ]
[ ]

0.002  484
0.002  636
0.004  173
0.003  716

0.002  514
0.002  305
0.001  185
0.001  478

0.01695
0.01664
0.01494
0.01576

46.0
45.7
45.1
45.2 

0.002  594
0.001  894
0.001  971
0.002  413

0.002  597
0.001  896
0.001  981
0.002  424

0.01763
0.01283
0.01342
0.01641

46.3
45.9
46.1
46.0 

 (i) Equilibrium established by combination of hydrogen and iodine
 (ii) Equilibrium established by decomposition of hydrogen iodide
Note that square brackets are used to denote concentration measured in M (or mol L–1).

Table 6.2 Data for the reaction N2(g) + 3H2(g) ⇌ 2NH3(g)

Run

Equilibrium amounts
Kc = 

nH

n H
3

2

2 2
3

[ ]
[ ][ ][n2] (M) [H2] (M) [nH3] (M)

1
2
3
4

0.0011
0.0025
0.55
0.25

0.0011
0.0055
0.65
0.75

2.73 × 10–7

4.58 × 10–6

0.0886
0.074

0.051
0.050
0.052
0.052

In general, we can say that, for the reaction

aA + bB + cC + dD + .  .  . ⇌ zZ + yY + xX + .  .  .
the equilibrium constant is denoted by:

Kc = 
[ ] [ ] [ ]

[ ] [ ] [ ] [ ]

z y x

a b c d

Z Y X . . .

A B C D . . .

The value of the equilibrium constant can be used to indicate the extent of 
the reaction. If the value is high (>104), we can predict that there has been a sig-
nificant conversion of reactants into products by the time that equilibrium was 
reached. On the other hand, a small value (<10–4) indicates that not much con-
version has occurred, and the position of equilibrium favours the back reaction.

Unit 3
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equilibrium law
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(ii)

(i)

The equilibrium law and the 
equilibrium constant that 
results from it allow us to deal 
with equilibrium mixtures in a 
quantitative way.
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Unit 3158

When describing an equilibrium qualitatively, the phrase ‘position of equi-
librium’ is often used. If the value of the equilibrium constant is small, the 
equilibrium is said to lie to the left. If the value of the equilibrium constant is 
large, the equilibrium is said to lie to the right. Left and right, of course, refer to 
the equation as it has been written and used to evaluate Kc.

A closer look at equilibrium constants
The equilibrium constant is not necessarily constant!

This statement appears contradictory at first, but a closer examination will 
help. The equilibrium constant is affected by temperature, and its value may 
depend on how the reaction equation is written. This will also determine the 
units of the equilibrium constant. Putting it another way, a particular chemical 
reaction may have an equilibrium constant with different values and different 
units, depending on how its equation is written and the temperature at which 
the reaction occurs.

To illustrate these points, consider the data in table 6.3 for the dissociation 
of dinitrogen tetroxide gas, N2O4, into nitrogen dioxide gas, NO2, at a constant 
temperature.

Table 6.3 Equilibrium data for the reaction between N2O4 and NO2

Experiment number [n2O4] (M) [nO2] (M)

1 0.127 0.150

2 0.253 0.216

3 0.364 0.255

4 0.492 0.293

5 0.645 0.338

Case 1: 
The equation is written as N2O4(g) ⇌ 2NO2(g).

Using data from experiment 1: =
NO

N O

(0.150)

0.127
0.177

2
2

2 4

2

Kc
[ ]
[ ]

=

=

Units for Kc: 
M

M
= M

2

Case 2: 
The equation is written as 1

2
N2O4(g) ⇌ NO2(g).

Using data from experiment 1: =
NO

N O

0.150

0.127

0.421

2

2 4

1
2

1
2

Kc
[ ]

[ ]

( )
=

=

Units for Kc: 
M

M
= M1

2

1
2
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159CHAPtER 6 Equilibrium systems

Case 3:
Because there are two reactions involved in every equilibrium reaction, the 
equation can just as correctly be written as the reverse reaction: in other words, 
2NO2(g) ⇌ N2O4(g).

Using data from experiment 1: 
N O

NO

0.127

0.150

5.64

2 4

2
2

2

Kc
[ ]
[ ]

( )

=

=

=

Units for Kc: 
M

M
M2

1= −

As can be seen with the three cases above, the same reaction can have dif-
ferent equilibrium constants and different units. Therefore, when discussing 
equilibrium constants, it is important to be clear about the equation being 
used to represent the reaction.

A special situation that also needs to be mentioned is when an equation has 
the same number of total moles on each side, such as in the hydrogen iodide 
reaction mentioned earlier:

2HI(g) ⇌ H2(g) + I2(g)

If we analyse the equilibrium expression for this reaction, all concentrations 
cancel out. The equilibrium constant (Kc) is therefore without units.

Equilibrium constants are also affected by temperature. However, in many 
situations, such as the N2O4(g)/NO2(g) equilibrium discussed previously, we 
deal with a situation at a particular temperature. Therefore, when the equation 
is clearly written or understood, Kc is always constant. The effect of tempera-
ture on the value of Kc is discussed later in this chapter.

In summary, when dealing with equilibrium reactions and equilibrium con-
stants, it is important that the equation being used to represent the reaction is 
clearly understood. It is also assumed that, in the absence of information to the 
contrary, temperature is constant.

the dynamic nature of equilibrium
The equilibrium state is obviously a significant stage in a reaction. Just what 
is happening when a reaction reaches equilibrium? Although it is tempting to 
think that the reaction has stopped, further investigation reveals that this is not 
so. Instead, the forward and reverse reactions are still occurring, but at the same 
rate. The reagents in the reaction are thus being formed and used at the same 
rate, their concentrations showing no overall change.

Experiments involving the use of radioactive tracers may be used to verify 
the dynamic nature of the equilibrium state. If the hydrogen iodide system 
(on page 157), for example, is heated and allowed to come to equilibrium, it is 
possible to remove some of the iodine and replace it with the same amount of 
radioactive iodine — iodine containing the 131I isotope. As isotopes are chem-
ically identical, such a change would have no effect on the chemical nature 
of the equilibrium. If the system is examined again some time later, the 
radioactive iodine is found to be distributed between the hydrogen iodide and 
the iodine molecules. This can be explained only if the forward and reverse 
reactions are still proceeding.

We should also note that, because equilibrium reactions involve a forward 
and a reverse reaction, it is possible that a starting mixture of chemicals would 

R
at

e

Time

backward reaction

forward reaction

A typical rate versus time 
graph for an equilibrium 
system. Once the two rates 
become equal, no further 
net change occurs to the 
amounts or concentrations of 
the substances involved, and 
the reaction is said to have 
reached equilibrium.

At equilibrium, the rate of the 
forward reaction is equal to the 
rate of the backward reaction. 
This means that there is no overall 
change to the system, even though 
chemical reactions are still taking 
place in both directions.
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Unit 3160

produce a backward reaction that is initially faster than the forward reaction. 
With time, however, the stage would once again be reached where both forward 
and reverse reactions have the same rate, and equilibrium is established.

Dynamic equilibrium and collision theory
Collision theory further supports the idea that equilibrium is dynamic. 

As a reaction proceeds towards equilibrium, there are collisions between 
reactant particles and also collisions between product particles. Some of these 
collisions have enough energy to overcome their respective activation energies 
and so form either more products or re-form more reactants. As the concen-
trations of the reactants and products rise and fall because of this, there will 
come a point where the number of successful collisions going in one direc-
tion is balanced by the number of successful collisions in the opposite direc-
tion. In other words, the rates of these opposing reactions will be equal and the 
reaction will be at equilibrium.

the distinction between rate and extent
These terms are related but it is important that they are not confused. The 
extent of a reaction describes the degree to which reactants are converted into 
products. The value of the equilibrium constant gives an indication of this. 
As mentioned earlier, a high value for Kc indicates a significant conversion 
of reactants into products, and such a reaction would be described as having 
occurred to a significant extent. A low value indicates the opposite — that the 
reaction has occurred only to a small extent and there has been only a small 
amount of conversion of reactants into products.

The rate of a reaction is simply an indication of how fast it occurs. The rate 
shows how long it takes to establish the position of equilibrium.

We should note also that a catalyst has no effect on the position of equilib-
rium or the value of the equilibrium constant. A catalyst affects the rate of the 
forward reaction and the rate of the backward reaction equally. It merely alters 
the time taken to get to equilibrium, not the position of it.

It is, therefore, possible to have slow reactions occur to a great extent as well 
as other combinations between rate and extent. An explosion, for example, can 
be described as a fast reaction that occurs to a large extent, whereas it is poss-
ible to have equilibrium reactions that occur at moderate rates and to mod-
erate extents.

Calculations involving the equilibrium 
constant

Sample problem 6.1

Consider an equilibrium reaction that is represented by the equation:

3A(aq) + B(aq) ⇌ 2Y(aq) + Z(aq)

In a particular experiment, random amounts of the above substances were 
mixed and allowed to come to equilibrium in 500 mL of solution. The amounts 
present at equilibrium were:

 A — 0.351 mol Y — 0.632 mol
 B — 0.18 mol Z — 1.21 mol

Use this information to calculate the value of the equilibrium constant.

Unit 3
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161CHAPtER 6 Equilibrium systems

[A] at equilibrium = 0.351
0.500

 = 0.702 M

[B] at equilibrium = 
0.18

0.500
 = 0.36 M

[Y] at equilibrium = 0.632
0.500

 = 1.264 M

[Z] at equilibrium = 1.21
0.500

 = 2.42 M

 Kc = 
[Y] [Z]

[A] [B]

2

3

  = 
1.264 2.42

0.702 0.36

2

3

( ) ( )
( ) ( )

  = 31

 Units for Kc = 
×
×

M M

M M

2

3

  = M–1

 ∴ Kc = 31 M–1

 ∴ The position of equilibrium favours the forward reaction.
 Note that the above answer can be quoted to only 2 significant figures.
 Note also the unit of Kc. As you will notice from other examples, the unit 
of Kc may vary from one reaction to another, depending on the specific 
form of the equilibrium expression. In some cases, Kc may even be without a unit.

Sample problem 6.2

At 250  °C, phosphorus(V) chloride decomposes to phosphorus(III) chloride 
plus chlorine, according to the following equation:

PCl5(g) ⇌ PCl3(g) + Cl2(g)

In a particular investigation, a quantity of PCl5 was heated in a 12.0-litre 
reaction vessel to 250  °C and allowed to reach equilibrium. Subsequent 
analysis revealed that 0.210 mol of PCl5, 0.320 mol of PCl3 and 0.320 mol of Cl2 
were present. Calculate the value of the equilibrium constant.

 [PCl5] = 
0.210

12.0
 = 0.0175 M

 [PCl3] = 
0.320

12.0
 = 0.0267 M

 [Cl2] = 
0.320

12.0
 = 0.0267 M

 Kc = 
[ ][ ]

[ ]
PCl Cl

PCl
3 2

5

  = 
( )( )

( )
0.0267 0.0267

0.0175

  = 0.0407

 Units for Kc = 
×M M

M
  = M

 ∴ Kc = 0.0407 M

Solution:

Solution:
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Sample problem 6.3

In studying the reaction represented by the equation:

A(g) ⇌ 2Y(g) + Z(g)

a small amount of substance A was added to a reaction vessel, such that its 
initial concentration was 1.0 M. When equilibrium was subsequently attained, 
the concentration of product Z was measured and found to be 0.3 M.

Use this information to determine the value of the equilibrium constant for 
this reaction.

We must be careful to distinguish between initial concentrations and equilib-
rium concentrations. In a situation such as this, we can use the mole ratios of 
the equation (its stoichiometry) to determine the remaining necessary equi-
librium concentrations. 

[A] at equilibrium = 1.0 – 0.3 = 0.7 M

(For every 1 mol of Z produced, 1 mol of A is consumed.)

[Y] at equilibrium = 2 × 0.3 = 0.6 M

(For every 1 mol of Z formed, 2 mol of Y are formed.)

Hence:

[ ] [ ]
[ ]

( ) ( )
( )

=

=

=

Kc
Y Z

A

0.6 0.3

0.7

0.2 M

2

2

2

Another way to organise the determination of the equilibrium concentrations 
for problems such as this is to use what is frequently called ‘icebox’ setting out. 
This involves setting up a table with row headings ‘I’ (initial), ‘C’ (change) and 
‘E’ (equilibrium) as shown below. This can be used for moles (which are then 
converted to concentrations) or directly with concentrations.

A ⇌ 2Y + Z

Initial amount 1 0 0

Change in amount –0.3 +0.6 +0.3

Equilibrium amount 0.7 0.6 0.3

The calculation of Kc then proceeds as shown previously.

Sample problem 6.4

For the reaction represented by:

B(aq) ⇌ W(aq) + X(aq)

initial concentrations of 2.0 M and 3.0 M were recorded for substances B and 
X respectively. After allowing sufficient time for the reaction to reach equilib-
rium, the concentration of X had increased to 3.5 M.

Calculate the value of the equilibrium constant.
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163CHAPtER 6 Equilibrium systems

The concentration of X has obviously increased by 0.50 M. The stoichiometry of 
this reaction, therefore, tells us that the concentration of W has also increased 
by this amount, but the concentration of B has decreased by this amount. In 
the absence of any information about W, it is reasonable to assume that its 
initial concentration was zero.

Therefore, at equilibrium we get: [B] = 2.0 – 0.50 = 1.5 M

 [W] = 0 + 0.50 = 0.50 M

 [X] = 3.5 M (as measured)

 Kc = 
[ ][ ]

[ ]
W X

B

  = 
( )( )

( )
0.50 3.5

1.5

  = 1.2 M

‘Icebox’ setting out, as shown in sample problem 6.3, is another way to solve 
this problem.

Sample problem 6.5

The equilibrium constant for the reaction represented by the equation:

2A(g) + 3B(g) ⇌ X(g) + 2Y(g)

is 300 M–2. In a vessel of volume 4.00 L, equilibrium is established and the 
following concentrations are determined:

[A] = 0.326 M [B] = 1.537 M
[X] = 2.541 M

Calculate the number of moles of substance Y that were present at equilibrium.

 Kc = 
[ ][ ]
[ ] [ ]

X Y

A B

2

2 3

Therefore: 300 = 
[ ]( )

( ) ( )
2.541 Y

0.326 1.537

2

2 3

 [Y]2 = 
( ) ( )

( )
× ×300 0.326 1.537

2.541

2 3

 = 45.6

 [Y] = 6.75 M

 Since n = c × V

Therefore: n(Y) = 6.75 × 4.00 = 27.0 mol.

Sample problem 6.6

Equilibrium between dinitrogen tetroxide and nitrogen dioxide is represented 
by the equation:

   N2O4(g) ⇌ 2NO2(g)

At a particular temperature, the value of the equilibrium constant for this 
reaction is 0.11 M.

Solution:

Solution:

UNCORRECTED P
AGE P

ROOFS



Unit 3164

In a particular study, 0.12 mol of NO2 is present at equilibrium in a 2.0 L 
vessel. Calculate the number of moles of N2O4 that are present.

 Kc = 
[ ]
[ ]
NO

N O
2

2

2 4

 [NO2] = 
0.12
2.0

 = 0.060 M

 ∴ 0.11 = 
[ ]
( )0.060

N O

2

2 4

 ∴ [N2O4] = 
( )0.060

0.11

2

  = 
0.0036

0.11
  = 0.033 M

 ∴ n(N2O4) = 0.033 × 2.0

  = 0.066 mol

Revision questions

1. An equilibrium mixture contains 1.00 mol of iodine, 0.625 mol of hydrogen 
and 0.25 mol of hydrogen iodide, all in a 2.00 L vessel. Calculate the value of 
the equilibrium constant for the reaction represented by the equation:

2HI(g) ⇌ H2(g) + I2(g)

2. Use the data in table 6.3 on page 158 to calculate the value of the equilib-
rium constant for the reaction:

N2O4(g) ⇌ 2NO2(g)

 in each of experiments 2 to 5.
3. Calculate the value and unit of the equilibrium constant for the reverse 

reaction to the equation in sample problem 6.1, pages 160–161.
4. Consider the reaction represented by the equation:

2A(aq) + B(aq) ⇌ C(aq) + 2D(aq)

 An initial mixture where all concentrations are 2.0 M is allowed to reach 
equilibrium. At equilibrium, the concentration of substance C was meas-
ured to be 1.5 M. Calculate the value of the equilibrium constant.

5. For the same reaction and the same conditions (the same temperature and the 
same volume) as described in sample problem 6.6, calculate the number of 
moles of NO2 that would be present in equilibrium with 0.056 mol of N2O4.

How can we tell if a reaction is 
at equilibrium?
If a reaction reaches equilibrium quickly because its rate is fast, then this might 
not be a problem. It will quickly become apparent that no further concentration 
changes are occurring and that chemical equilibrium has been attained.

For reactions that are slower, however, the situation may be much more 
uncertain. If the concentrations are changing only slowly, it may appear that 
they have become constant. To overcome this problem, we introduce the idea 
of the reaction quotient, Q (also known as the concentration fraction).

Solution:
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165CHAPtER 6 Equilibrium systems

Reaction quotient, Q, and the equilibrium 
constant, Kc
The equilibrium law generates an expression that can be called a ‘concentration 
fraction’. Because it is just a ‘fraction that involves concentrations’, it is possible 
to write a similar fraction at any other stage during a reaction. When we do this, 
we often give it the symbol Q (for reaction quotient). It therefore follows that, if 
the value of Q is equal to the equilibrium constant, Kc, the reaction is at equi-
librium. If the value is different, the reaction has yet to reach equilibrium.

More specifically, if Q > Kc (the reaction quotient is higher than the equilib-
rium constant), a net backward reaction is occurring. The rate of the backward 
reaction is greater than the rate of the forward reaction as this mixture moves 
towards equilibrium. If Q < Kc, the reaction quotient is low, and so a net for-
ward reaction is occurring. The rate of the forward reaction is greater than the 
rate of the backward reaction as this reaction seeks equilibrium.

Representing chemical equilibrium graphically
Using graphs of equilibrium situations can be a very informative way to sum-
marise and understand an equilibrium reaction, as well as producing a deeper 
understanding of what is happening in such situations.

Two types of graphs are frequently used:
•	 rate versus time graphs
•	 concentration versus time graphs.
To illustrate these, consider a situation where substance A is added to a con-
tainer and allowed to come to equilibrium with products B and C at constant 
temperature, according to the equation:

A(g) ⇌ B(g) + 2C(g)

As discussed in chapter 5, the rate of a reaction depends on concentration. 
As substance A is used up, its concentration drops and so does the rate of the 
forward reaction. Conversely, as the concentrations of substances B and C 
increase, so too does the rate of the backward reaction. A general rate versus 
time graph, as shown below, illustrates this.

forward
reaction

backward
reaction

R
at

e

t
Time

There will therefore be a net forward reaction until time t, when the 
two  rates become equal and equilibrium is established. Thereafter, there will 
be no change in these rates as the net concentrations of reactants and products 
remain constant.

It should be noted that this equilibrium could just as easily be produced by 
mixing substances B and C together and allowing a net backward reaction to 
produce equilibrium. In this case, the graph would show a decreasing rate for 
the backward reaction and an increasing rate for the forward reaction until 
equilibrium is once again established.

If the reaction quotient, Q, or 
concentration fraction of a 
reaction is equal to the value of the 
equilibrium constant, the reaction 
is at equilibrium.

An example of a rate versus 
time graphUNCORRECTED P

AGE P
ROOFS



Unit 3166

It is also possible to represent this scenario using concentration versus time 
graphs. In the first instance above, such a graph might look like that shown 
below. 
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The concentrations of the substances involved increase or decrease 
depending on whether they are produced or consumed. They also change by 
amounts that reflect the stoichiometry of the reaction. In this example, sub-
stance A decreases by the same amount that substance B increases as there 
is a 1 : 1 ratio between them in the equation. Substance C increases by twice 
the amount that substance B does, as there is a 2 : 1 ratio involved. To deter-
mine the equilibrium constant, simply substitute the final (equilibrium) con-
centrations of substances A, B and C into the equilibrium expression.

If this reaction has a catalyst added to it, the only change to this graph would 
be that time t would be lower. In other words, equilibrium is attained faster. 
The final concentrations of substances A, B and C, however, are not altered.

Concentration–time graphs are very useful when considering changes made 
to a reaction once it has reached equilibrium. This will be discussed later in the 
chapter.

Sample problem 6.7

The concentration versus time graph for an equilibrium reaction involving four 
substances (W, X, Y and Z) is shown below.

The general form of this equation is aW + bX ⇌ cY + dZ.
(a) If a = 1, determine the values of b, c and d for the above reaction.
(b) Calculate the value of the equilibrium constant for this reaction.
(c) What are the units for this equilibrium constant?
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An example of a concentration 
versus time graph. The final 
concentrations of substances 
A, B and C depend on 
their initial concentrations, 
the stoichiometry in the 
equation and the value of the 
equilibrium constant.
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167CHAPtER 6 Equilibrium systems

(a) To answer this, it is necessary to use the graph to determine the concen-
tration of each component initially and again when the system reaches 
equilibrium. This shows a change in concentration for components W, X, 
Y and Z by 0.2, 0.4, 0.6 and 0.2 M respectively. The ratios of these numbers 
are 1, 2, 3 and 1. Therefore, the values of a, b, c and d (the coefficients of W, 
X, Y and Z respectively) are also 1, 2, 3 and 1.

 The equation is, therefore, W + 2X ⇌ 3Y + Z.
(b) From the graph, we can ascertain the following equilibrium concentrations.

[W] = 0.3 M, [X] = 1.1 M, [Y] = 1.3 M, [Z] = 0.7 M

Y Z

W X

1.3 (0.7)

(0.3) 1.1

4.2

3

2

3

2

Kc
[ ] [ ]
[ ][ ]
( )

( )

=

=

=

(c) Units: 
×

×
=

M M

M M
M

3

2

Revision question

6. Draw the concentration versus time graph for the reaction involved in 
sample problem 6.3, page 162.

Making changes to equilibrium 
mixtures — Le Châtelier’s principle
An important consequence of the equilibrium law is that it is possible for every 
equilibrium mixture (belonging to a particular reaction) to be different. (Check 
tables 6.1 and 6.2 again to see this!) This is due to the fact that it is the whole 
equilibrium expression that is constant. Individual concentrations within this 
expression may vary quite considerably from one equilibrium situation to 
another. However, so long as the value of the whole expression is equal to the 
value of the equilibrium constant, a mixture will be at equilibrium.

This property can be put to use in the manufacture of some important 
chemicals. It is often possible to make these economically, despite the fact 
that the reactions from which they are formed have low equilibrium constants. 
By altering the concentrations of the other species involved in the equilib-
rium expression, it is often possible to maximise the production of the desired 
product, thereby increasing its yield.

To see how changes made to an equilibrium mixture affect its components, 
we often make use of an important predictive tool — Le Châtelier’s principle. 
Essentially, this states:

Any change that affects the position of an equilibrium causes that equilibrium 
to shift, if possible, in such a way as to partially oppose the effect of that change.

Using this, we can make predictions about what will happen if we disturb a 
system that is at equilibrium.

There are three common ways in which a system at equilibrium might be 
disturbed:
•	 by adding or removing a substance that is involved in the equilibrium
•	 by changing the volume (at constant temperature)
•	 by changing the temperature.

We will now consider the effect of each of these in turn.

Solution:

Digital document
Experiment 6.1 Investigating changes 
to the position of an equilibrium
doc-18813

Le Châtelier’s principle allows 
predictions to be made about 
certain changes and how an 
equilibrium mixture might be 
affected.
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Unit 3168

Adding or removing a substance that is involved 
in the reaction
Consider the reaction between carbon monoxide and water vapour to produce 
carbon dioxide and hydrogen.

CO(g) + H2O(g) ⇌ CO2(g) + H2(g)

If some extra water vapour is added to this system once it has attained equi-
librium, the equilibrium will be disturbed. According to Le Châtelier’s prin-
ciple, the system will then react by trying to use up some of this extra water 
vapour in its efforts to get back to a new equilibrium position. The only way 
that this can be done is by causing some of the reactants to be transformed 
into products. Thus, more CO2 and H2 will be made as a result of consuming 
CO and H2O. However, although all the amounts, and hence all the concen-
trations, involved will now be different from their original values, the value of 
the equilibrium constant will remain unchanged (the same value as before the 
water vapour was added).

A concentration versus time graph for this situation would look like the one 
below.
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In this graph, time t1 represents the time when equilibrium was reached for 
the first time. Time t2 is when the extra water vapour was added, and time t3 is 
when equilibrium is re-established for the second time. The equilibrium may be 
described as having been ‘shifted to the right’ (the forward reaction is favoured).

Changes like this, where a substance has been added or removed, can be 
identified from concentration–time graphs by a sudden spike or dip in only 
one of the substances involved.

A more informative way to describe these changes is in terms of reaction rates. 
At the first equilibrium, the rates of the forward and reverse reactions are equal. 
On addition of the water vapour, the forward reaction, for some time, becomes 
faster than the backward one. However, as more products are made, the two 
rates eventually become equal again and hence equilibrium is re-established.

When considering these reactions, the method of addition (continuous 
supply) or removal (ducting gas away) may be physical, or it may be achieved 
by chemical means. It makes no difference — the system always tries to oppose 
us in its efforts to re-attain equilibrium!

As a further example, this principle may be used to dissolve an otherwise 
insoluble salt. For example, silver chloride is only sparingly soluble in water. In 
other words, the equilibrium constant for the reaction:

AgCl(s) ⇌ Ag+(aq) + Cl–(aq)

Adding or removing a substance 
that is involved in an equilibrium 
leads to a shift in equilibrium 
opposing this change.

Unit 3

Do more
Le Châtelier’s 
principle — adding or 
removing reactants 
or products

aOS 2

Topic 2

Concept 7

An example of a concentration 
versus time graph where a 
substance has been added to 
the equilibrium mixture

elesson
Changing the position of an 
equilibrium — adding reactant
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169CHAPtER 6 Equilibrium systems

is very low (Ks = 1.8 × 10–10). This is an example of a heterogeneous equi-
librium. In these cases, the equilibrium constant is usually denoted by Ks. 
As such, it is just a special type of Kc value. When writing the equilibrium 
expression for such reactions, the ‘concentration’ of any solid substances is 
always taken to be ‘1’.

If, however, a chemical is added to remove the Ag+ ions, this reaction responds 
by trying to replace them. To do this, more AgCl(s) has to dissolve. If enough of 
the Ag+ ions are removed, it is possible that all the silver chloride would dissolve. 
A suitable chemical for the removal of Ag+ ions is ammonia, NH3. Ammonia 
achieves this by forming a complex ion according to the reaction:

Ag+(aq) + 2NH3(aq) ⇌ Ag(NH3)2
+(aq)

Sample problem 6.8

Predict the effect of (a) adding carbon dioxide and (b) removing hydrogen on 
the position of the equilibrium for the reaction:

CO(g) + H2O(g) ⇌ CO2(g) + H2(g)

(a) The reaction would partially oppose the addition of carbon dioxide by 
using up some of what was added. This is done by the backward reaction 
becoming temporarily faster than the forward reaction. The ‘position’ of 
the equilibrium would, therefore, ‘shift to the left’. The back reaction is 
favoured.

(b) The reaction would partially oppose the removal of the hydrogen by 
attempting to replace some of it. This is achieved by the forward reaction 
becoming temporarily faster than the backward reaction. The ‘position’ of 
the equilibrium would, therefore, ‘shift to the right’. The forward reaction is 
favoured.

Explaining Le Châtelier’s principle 
mathematically
Consider the reaction that is represented by the equation:

3A(aq) + 2B(aq) ⇌ C(aq) + 2D(aq)

Suppose that some extra substance A, is added to the equilibrium mixture, and 
that we wish to predict the effect on substance D.

For this reaction we can write two expressions:

C D

A B
and

C D

A B

2

3 2

2

3 2Q Kc
[ ][ ]
[ ] [ ]

[ ][ ]
[ ] [ ]

= =

where the concentrations for the equilibrium constant Kc are equilibrium con-
centrations but the concentrations for the reaction quotient Q can be at any 
stage during the reaction. If Q = Kc, equilibrium has been established.

Immediately after the addition of substance A, the value of Q is decreased, 
and Q is therefore less than Kc. The reaction is, therefore, no longer at 
equilibrium, and the value of Q must increase for equilibrium to be 
re-established, and once again Q = Kc. There needs to be a higher concentration 
of products and a lower concentration of reactants. This can be achieved by a 
net forward reaction — the rate of the forward reaction becomes greater than 
the rate of the backward reaction, and the equilibrium therefore shifts to the 

right. Essentially, Kc = 
[products]
[reactants]

. Thus, if Q < Kc, [reactants] > [products] and, 

Solution:
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Unit 3170

to re-establish equilibrium, [products] must increase. Therefore, this means a 
net forward reaction.

This is exactly what is predicted by Le Châtelier’s principle. After the sudden 
increase in substance A, some of it is used by the net forward reaction pre-
dicted above.

The effect of changing volume can be predicted in the same way.

the effect of changing volume
When considering changes in volume (at constant temperature), it is important 
to think of the effect on the total concentration of all the species present. 
Le Châtelier’s principle can then be interpreted in terms of how the system 
changes the total number of particles present to produce an opposing trend in 
total concentration.

Three situations present themselves:
1. The change in volume causes an increase in the total concentration of 

particles. To decrease this, the system reacts in the direction that pro-
duces fewer particles. (Fewer particles, of course, means a lower overall 
concentration, in line with the opposition predicted by Le Châtelier’s 
principle.)

2. The change in volume causes a decrease in the total concentration of par-
ticles. To increase this concentration, the system must react in the direction 
that produces more particles if it is to re-establish equilibrium.

3. Although the change in volume affects the total concentration, the system 
cannot change the number of particles present. This situation occurs 
when the total number of moles on the left-hand side of the equation 
equals the number of moles on the right-hand side. Mathematically, it can 
be shown that a volume change for such a reaction does not disturb the 
equilibrium.

As an example of situation 1, consider the reaction represented by:

A(g) ⇌ B(g) + C(g)

It might be predicted that an increase in volume, such as by dilution (and there-
fore a decrease in total concentration or pressure), would lead to an increase 
in the total number of particles as the reaction attempts to re-build the total 
concentration. In this case, this can be achieved if the equilibrium shifts to the 
right (forward reaction).

On a concentration–time graph, this would look like the figure below.
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A change in volume of an equilibrium mixture is identified on these graphs 
as a sudden spike or dip involving all substances.

Changing volume affects the total 
concentration (or pressure) of a 
reaction system. In re-establishing 
equilibrium, the consequent 
change is to alter the total number 
of particles present. This occurs 
so that the effect of the original 
volume change is partially offset.

If a reaction has the same 
number of moles on each side of 
its equation, it is not displaced 
from equilibrium when a volume 
change is made. Therefore, a 
volume change has no effect.

A concentration–time graph 
illustrating the effect of 
increasing the volume of the 
reaction A(g) ⇌ B(g) + C(g)

UNCORRECTED P
AGE P

ROOFS



171CHAPtER 6 Equilibrium systems

A special note about gases
For a change in volume at constant temperature, the universal gas equation 
allows a ‘concentration’ interpretation to be replaced by a ‘pressure’ interpret-
ation. Therefore:

 PV = nRT

 P = R
n

V
T





Since 
n

V
 is concentration, and R × T is constant, we see that pressure is pro-

portional to concentration.
For gaseous reactions, volume changes may also be interpreted in terms of 

partial pressures, rather than concentrations.

Sample problem 6.9

The following gaseous system is set up and allowed to reach equilibrium.

2NOBr(g) ⇌ 2NO(g) + Br2(g)

What would be the effect on the amount of bromine present if the volume is 
then increased?

An increase in volume immediately decreases the concentration (or pressure) 
of all substances present, and hence the total concentration (or pressure). The 
system would then try to offset this effect by making a greater number of moles. 
This can be achieved by the forward reaction (which turns two moles on the 
left-hand side into three moles on the right). Therefore, when equilibrium is 
re-established, more bromine would be present than at the earlier equilibrium.

Sample problem 6.10

Consider the reaction represented by the equation:

I2(aq) + I–(aq) ⇌ I3
–(aq)

What would be the effect on the amount of I3
– caused by increasing the volume 

by adding more water?

Addition of water immediately lowers the total concentration. The system 
responds by increasing the number of moles in an effort to compensate. The 
backward reaction, therefore, is the one that brings the system back to equi-
librium with a consequent decrease in the amount of I3

– present.

Sample problem 6.11

Would a volume change affect the following reaction?

H2(g) + Cl2(g) ⇌ 2HCl(g)

No. The equation has 1 mole of H2 and 1 mole of Cl2 on the left-hand side. The 
right-hand side has 2 moles of HCl. As the total number of moles on each side 
is the same, a volume change would not disturb the equilibrium.

Revision question

7. The same change in volume may cause one reaction to shift to the right (for-
ward reaction) and another to shift to the left (back reaction). Explain why 
this is so.

elesson
Changing the position of an 
equilibrium — gas pressure
eles-1672
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the effect of changing temperature
Of all the possible ways that we might change an equilibrium mixture, this is the 
only method that actually alters the value of the equilibrium constant. Tempera-
ture is the only factor that changes the value of Kc, because changing the tem-
perature also changes the energy available to the system. 

At a particular temperature, the system has a certain amount of energy, 
which is distributed between all the species present. We use the equilibrium 
expression to describe the concentrations of all species once they have settled 
on a way to share that energy, and we interpret the value of Kc (whether large 
or small) as sharing in favour of reactants or products.

Varying the concentration of a species (n or v) causes a redistribution of the 
available energy. A different equilibrium position is reached. However, since 
the available energy remains the same, the value of Kc is the same.

Changing the temperature changes the total amount of energy in the system. 
Hence, Kc has a different value. How this value responds to temperature change 
depends on whether the reaction is exothermic or endothermic. Classifying 
an equilibrium reaction as exothermic or endothermic relates, by convention, 
to the forward reaction as written in the equation. An endothermic reaction 
absorbs heat and has a positive ∆H value. An exothermic reaction evolves heat 
and has a negative ∆H value.

If we consider an exothermic reaction, typified by the thermochemical 
equation:

A(g) + B(g) ⇌ C(g) ∆H is negative

an increase in temperature requires the application of heat. Le Châtelier’s 
principle would, therefore, predict that the system tries to absorb some of this 
added heat. Hence, the backward reaction is favoured as it is endothermic. A 
and B are produced at the expense of C, lowering the value of the equilibrium 
constant. Thinking mathematically, when the value of the denominator in Kc 
increases, the value of Kc decreases.

This equation can also be written as:

A(g) + B(g) ⇌ C(g) + heat

where heat can be treated as a product.
For the reaction above, the concentration–time graph might look like that 

below.
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A change in temperature can be identified on concentration–time graphs by 
its effect on the concentrations without an obvious sudden change to any of 
the substances involved.

In an endothermic reaction under the same conditions, the forward reaction 
would oppose the addition of heat. Upon re-establishing equilibrium, the 
value of the equilibrium constant would, therefore, be higher.

Changing temperature is the only 
change that alters the actual value 
of the equilibrium constant. If 
temperature increases, the value 
of Kc increases if the reaction is 
endothermic, but decreases if the 
reaction is exothermic.

Digital document
Experiment 6.2 Temperature and the 
equilibrium constant
doc-18814

A typical concentration–time 
graph showing the effect of 
increasing temperature on the 
equilibrium A(g) + B(g) ⇌ C(g), 
where ΔH is negative
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173CHAPtER 6 Equilibrium systems

Thus, in summary:
•	 If a reaction is exothermic, an increase in temperature decreases the equi-

librium constant because more reactants are favoured. 
•	 If a reaction is endothermic, an increase in temperature increases the equi-

librium constant because more products are favoured. 

K
c

Temperature

(a)

(b)

(a) Exothermic reactions

(b) Endothermic reactions

The general relationship between Kc 
and temperature for (a) exothermic 
reactions and (b) endothermic reactions

Sample problem 6.12

Suppose that, in the reaction:

A(aq) + 2B(aq) ⇌ C(aq)

substance C has an easily detected red colour.
If it is observed that heating the equilibrium mixture causes the red colour 

to fade, what is the resulting effect on the Kc value? Is this reaction an exo-
thermic or an endothermic reaction?

The fading of the red colour implies that there has been ‘a net backward 
reaction’. The value of Kc will, therefore, be lower.
 As Kc has dropped as a result of an increase in temperature, this means that 
the reaction (as written above) must be an exothermic reaction.

Revision questions

 8. For the reaction:

SO2(g) + Cl2(g) ⇌ SO2Cl2(g)

 predict the effect on the equilibrium mixture caused by the addition of some 
extra chlorine gas.

 9. A method for making methanol involves the following reaction.

CO(g) + 2H2(g) ⇌ CH3OH(g)

 Predict the effect on the amount of methanol produced if the equilibrium 
mixture is compressed.

10. To increase the product yield in an endothermic reaction, should the tem-
perature be raised or lowered?

the yield of a chemical reaction
There are many situations in chemistry where we want to know how much 
reactant has been converted into product. Chemists use the concept of reaction 
yield to express this idea in quantitative terms. The yield of a reaction is often 
quoted as a percentage and is defined as follows.

yield (%) = 
actual mass obtained

theoretical maximum mass
 × 100

The equilibrium reaction between 
brown NO2 and colourless N2O4 
is affected by temperature. 
These tubes initially contained 
equal amounts of gas; the tube 
on the left is being cooled.

Unit 3

See more
Le Châtelier’s 
principle — change 
in temperature

aOS 2

Topic 2

Concept 9
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The equilibrium reactions we have been studying in this chapter are 
clearly examples of reactions that display yields of less than 100%. It should 
be remembered, however, that there are often additional reasons why a given 
reaction does not achieve a 100% yield. Some of these may be practical (to 
do with the method by which the chemical is made). Another situation might 
be a very slow reaction that has not been given enough time to either reach 
equilibrium or go to completion.

In equilibrium work, and in the design of large-scale manufacturing 
techniques for chemicals produced from equilibrium reactions, the use of Le 
Châtelier’s principle, together with a measurement of yields, is an important 
consideration.

Le Châtelier’s principle and industrial 
chemicals
As mentioned earlier in this chapter, the manufacture of some important 
chemicals involves allowing for the fact that, at certain desired temperatures, 
the values of their equilibrium constants are low. Examples of such chemicals 
are ammonia, nitric acid, HNO3, and sulfuric acid, H2SO4.

To make these chemicals on a large scale, the chemical engineer must have 
a sound knowledge of equilibrium principles and also of rate principles. In 
designing a plant, the engineer will ultimately be trying to:
•	 maximise the yield of the desired product by applying Le Châtelier’s prin-

ciple to make as much of the chemical as possible
•	 produce the desired chemical at an acceptable rate — it has to be made 

quickly enough to satisfy market demand if the plant is to be economical
•	 balance the above two requirements against other variables, such as plant 

operating costs, to ensure that the whole process is as economical and safe as 
possible.
The final design of such a plant is often a compromise between these factors.

Making ammonia — applying equilibrium and 
rate principles in industry
Ammonia is a widely used and very important chemical. Besides having a 
number of direct uses, it is also a precursor for the manufacture of nitric acid 
and many fertilisers. Current world production is close to 150 million tonnes, 
making it the second most widely produced chemical in the world. From this 
production, close to 80% is used to make fertilisers. Table 6.4 shows a range of 
nitrogen-based fertilisers.

Table 6.4 World consumption of nitrogenous fertilisers

type of fertiliser Composition Consumption (% of total)

ammonium sulfate (NH)4SO4 38

‘nitro-chalk’ NH4NO3 with chalk 16

ammonia NH3 14

ammonium nitrate NH4NO3 12

calcium cyanamide CaCN2  5

calcium nitrate Ca(NO3)2  5

sodium nitrate NaNO3  5

urea CO(NH2)2  5

The yield of a reaction can be 
calculated using the formula:  
yield (%) =  

actual mass obtained
theoretical maximum mass

 × 100

Equilibrium and rate must be 
considered when producing 
chemicals on a large scale.
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175CHAPtER 6 Equilibrium systems

World food production has increased dramatically since the availability of 
large amounts of nitrogen-based fertilisers. Because of this, ammonia now has 
a critical role in feeding the world’s ever-growing population.

Ammonia is also involved in the manufacture of explosives, fibres, plastics, 
dyes and pharmaceuticals.

Virtually all the ammonia required in the world today is made by the Haber 
process.

The Haber process makes ammonia from hydrogen and nitrogen gas. First, the gases are cleaned (top 
left), and then they are cycled through the reaction tower, heater and catalyst beds. A cooling loop at the 
base of the reaction tower condenses the ammonia into a liquid that is removed. High-pressure reactors 
are expensive to run, so many industrial plants use lower pressures to increase the life of the reactor and 
reduce the chance of equipment failure.

compression
pump

heat exchanger

gases expand
and cool

catalyst

NH3

out

refrigeration
unit

high-pressure
reactor

heating
coils

recycle
unused gases

inlet

liquid ammonia

N2
+
H2

 unused N2, H2

the Haber process
The Haber process is a single-step process in which nitrogen and hydrogen are 
reacted according to the equation:

N2(g) + 3H2(g) ⇌ 2NH3(g)

This reaction is a good example of a dilemma often faced by a chemical 
engineer. At normal temperatures, the value of the equilibrium constant is 
quite high. The problem, however, is that the rate of reaction is very slow. 
In other words, the mixture of nitrogen and hydrogen is metastable. If, how-
ever, the temperature is increased to bring about a better rate, the yield of 
ammonia quickly begins to suffer. This is because the above reaction is exo-
thermic and, as temperature is increased, the value of its equilibrium constant 
decreases.

Two of the most important industrial considerations (yield and rate) are 
therefore in conflict. So, the ultimate design of the plant and its operating con-
ditions must reflect a compromise between these factors.

In the Haber process, there is a 
conflict between rate and extent 
with respect to the temperature 
required. However, by careful 
consideration of other factors 
that affect rate and the position 
of equilibrium, the Haber process 
is still able to make ammonia 
economically.
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A closer look at these factors, however, reveals that we can lessen the effect 
of this compromise in a number of ways. These are:
1. Use a suitable catalyst to help obtain the rate required. This means that the 

temperature needed is lower than that needed without a catalyst. The use of 
a lower temperature increases the yield by increasing the value of the equi-
librium constant. A lower temperature reduces the rate, but this can be 
compensated for by using a catalyst, which increases the rate.

2. Compress the gases so that the reaction is carried out at high pressure. 
Le Châtelier’s principle predicts that, if a system is pressurised, it tries to 
reduce that pressure. Consequently, there should be a tendency to reduce 
the number of particles present. In this case, this means that the reaction 
proceeds to the right, as the forward reaction converts 4 molecules into 
2 molecules, thus favouring the production of ammonia.

3. Separate the ammonia from the unreacted nitrogen and hydrogen in the 
exit gases from the converter. This nitrogen and hydrogen can then be 
recycled and may be converted into more ammonia.

In the operation of a typical plant, nitrogen and hydrogen are mixed in the 
1  :  3 ratio required by the equation. The gases are then compressed to about 
250  atm and heated to about 500  °C. (These precise conditions may vary 
slightly from one plant to another.) The gases then pass into the converter. This 
is a huge reinforced steel cylinder containing 7 to 8 tonnes of pea-sized catalyst 
beads. The catalyst most often used is an iron catalyst made from iron oxide, 
Fe3O4, with traces of aluminium oxide and potassium oxide.

R
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Pressure

R
at
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Temperature

constant
temperature

constant
low
pressure

When the gases leave this chamber they contain about 20% ammonia. By 
cooling the mixture, the ammonia can be liquefied and separated. The unre-
acted nitrogen and hydrogen can then be recycled so that ultimately they pass 
through the converter again. This is an example of green chemistry.

The energy costs in the operation of such a plant are one of its most impor-
tant overheads. With careful planning, energy costs can be minimised. In this 
case, the actual formation of the ammonia from its elements is an exothermic 
process. The heat generated from this reaction can be made use of elsewhere 
in the plant, rather than just being allowed to go to waste. Heat exchangers are 
therefore used. For example, the incoming cold nitrogen/hydrogen mixture 
can be passed over pipes containing the hot gases that exit from the converter. 
The resultant transfer of heat helps to heat the incoming gases and cool the exit 
gases.

Other considerations
Finally, it is worth noting that there are further compromises in operation 
here. Better yields of ammonia might be obtained by using higher pressures. 
However, this necessitates the use of more powerful pumping equipment and 
stronger reaction vessels to withstand the extra pressure. Economically, it is 
not worthwhile to do this, because the extra ammonia produced does not 
offset the extra costs involved in building such a plant.

Typical conditions for making 
ammonia using the Haber process 
are a temperature of about 500 °C 
(at this temperature the rate is 
fast enough but the exothermic 
reaction still proceeds forward) 
and a pressure of around 
250 atmospheres (this forces the 
equilibrium reaction to the product 
side). A catalyst based on iron 
oxide is used.

High pressure and temperature 
result in an increase in the rate 
of reaction.
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The diagram below shows a simplified flowchart for the Haber process.

liquid NH3 
N2

H2

coolingconversioncompression

small bleed 

unconverted N2, H2 are recycled

An important biological application of 
equilibrium
An important concept in biology is that of homeostasis. This is the ability of an 
organism to maintain a fairly constant internal environment, despite changes 
to the outside environment. Such systems in the human body are extremely 
important to our wellbeing and continued survival. 

We have many different ways of maintaining homeostasis, most of which 
include chemical processes at equilibrium. Oxygen transport is one such 
example.

transport of oxygen by the blood
Although oxygen is soluble in water, this solubility is not high enough to enable 
the blood to supply adequate amounts of oxygen to our cells. The blood, there-
fore, transports oxygen by a different mechanism — the red blood cells. These 
cells contain a special protein called haemoglobin, which can combine with 
oxygen to form oxyhaemoglobin. This is a reversible reaction that can be rep-
resented by the equation:

Hb4 + 4O2 ⇌ Hb4(O2)4

where the symbol Hb4 represents the very complex haemoglobin molecule.

The position of this equilibrium is such that normal bodily variations in 
oxygen concentration can push it in either direction. When blood enters the 
lungs, it is exposed to a high concentration of oxygen. As oxygen is a reac-
tant in this equation, Le Châtelier’s principle predicts that more oxyhaemo-
globin is produced. The red blood cells thus become ‘loaded’ with oxygen. This 

The haemoglobin–oxyhaemoglobin 
system is an equilibrium that 
responds to changes in the 
concentration of oxygen. These 
changes are necessary to transport 
oxygen around the body and 
to recirculate haemoglobin 
molecules. Le Châtelier’s principle 
may be used to explain the 
operation of this system.

Red blood cells carry oxygen 
around our bodies.
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mechanism allows much more oxygen to be transported around the body than 
by dissolving it in the plasma alone.

lungs
(high O2 concentration)

tissues
(respiration removes O2)

(high amount of O2

in the blood)

(very little O2 left
in the blood)

Hb4/Hb4(O2)4
equilibrium shifted to

the right

Hb4/Hb4(O2)4
equilibrium shifted to

the left

The transport of oxygen around the body relies on how the differing conditions in 
the lungs and in the tissues affect the haemoglobin–oxyhaemoglobin equilibrium.

However, when the blood reaches the cells, there is a much lower oxygen 
concentration because it is used in cellular respiration. In response to this 
removal of oxygen by respiration, the reaction on the previous page responds 
by moving to the left in an effort to replace this oxygen. The oxyhaemoglobin 
then decomposes back to haemoglobin, its oxygen being unloaded for use 
by the cells. The haemoglobin molecules then return to the lungs to start the 
cycle again.

ventilation
�lm of 
moisture

to
pulmonary vein

capillarydiffusion
of oxygenepithelium

of alveolus

diffusion
of carbon 
dioxide

from
pulmonary
artery

red cell
carbon dioxide
escapes into
alveolus

oxygen enters
red cells  

Exchange of gases in an alveolus, part of the lungs. The alveoli are the structures 
in the lungs that transfer gases into and out of the blood supply.

Carbon monoxide poisoning
Carbon monoxide is an odourless and very poisonous gas. As we have seen 
in chapter 2, it is produced from the incomplete combustion of fossil fuels — 
typically in situations where the supply of oxygen to the combustion process is 
limited. This lack of odour makes it particularly dangerous as it can be inhaled 
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without a person realising it and can quickly lead to unconsciousness. Typical 
situations in which this may occur include leaking car exhausts, improperly 
maintained central heating units and the use of outdoor appliances such as 
camping heaters and barbeques in enclosed spaces. 

Carbon monoxide is so poisonous because the reaction between carbon 
monoxide and haemoglobin:

Hb4 + 4CO ⇌ Hb4(CO)4

is similar to that between oxygen and haemoglobin. This sets up a competing 
equilibrium with the oxygen–haemoglobin system. However, an important dif-
ference is that the position of this equilibrium lies much further to the right. 
The equilibrium constant for this reaction is about 20  000 times greater than 
that for the oxygen–haemoglobin system. If there is carbon monoxide in the 
lungs, carboxyhaemoglobin will readily form. When these blood cells reach 
the respiring cells, the reaction cannot be reversed. These blood cells are thus 
effectively removed from the ‘pool’ available to carry oxygen. If this happens 
to enough of them, consequences can be fatal. A person would die of oxygen 
starvation, even though there might still be a plentiful supply of oxygen in their 
lungs.

treating victims of carbon monoxide poisoning
The level of carbon monoxide in the blood that can cause death is surprisingly 
low. The reason for this is its ability to compete much more effectively than 
oxygen for the available haemoglobin. 

If a victim of carbon monoxide poisoning is discovered 
soon enough, giving them oxygen-rich air to breathe may 
reverse the dangerous changes that have taken place in 
their red blood cells. This treatment once again relies on 
competing equilibria and Le Châtelier’s principle.

The two equations involved are:

Hb4 + 4O2 ⇌ Hb4(O2)4

and

Hb4 + 4CO ⇌ Hb4(CO)4

The extra oxygen has two effects. First, it pushes the first 
equilibrium further to the right, thus making more efficient 
use of the few uncombined haemoglobin molecules that 
remain. The second effect follows from the first. As haemo-
globin is used up by this extra oxygen, a reactant is effec-
tively being removed from the second equilibrium. Despite 

its higher equilibrium constant, this reaction is forced in the backward direc-
tion to replace this haemoglobin. Thus, the carboxyhaemoglobin complex is 
encouraged to decompose and, in so doing, it frees up the haemoglobin for 
normal oxygen transport.

The haemoglobin–
carboxyhaemoglobin system is not 
sensitive to changes that normally 
occur in the human body because 
it has a very high equilibrium 
constant. This means that less and 
less haemoglobin is available for 
oxygen transport, resulting in lack 
of oxygen in blood received by the 
tissues.

Carbon monoxide fumes are 
a serious problem in traffic-
congested cities.
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Chapter review

Summary
 ■ Many chemical reactions have lower yields than might 

otherwise be expected. They do not go to completion. 
Such reactions are called equilibrium reactions. They 
can also be called reversible reactions.

 ■ Equilibrium reactions always reach a point at which 
no further change seems to be occurring. Such 
reactions have not stopped, however. Rather, the rate 
of the forward reaction has become equal to the rate 
of the backward reaction. This is referred to as the 
dynamic nature of the equilibrium state.

 ■ At equilibrium, it is possible to write a fraction 
involving the equilibrium concentrations of all 
species present, which is related to the stoichiometry 
of the reaction. This fraction always has a constant 
value (at a particular temperature) and is given the 
symbol Kc. This is called the equilibrium law.

 ■ It is also possible to write and evaluate this concen-
tration fraction at any stage of a reaction, in which 
case, it is usually given the more general symbol 
Q. If the value obtained for Q is not equal to Kc, the 
reaction is not at equilibrium. The changes taking 
place as the reaction seeks to attain equilibrium can 
be predicted by comparing the values of Kc and Q. 

 ■ The magnitude of the equilibrium constant, Kc, gives 
us an indication of the extent of an equilibrium 
reaction.

 ■ The equilibrium constant has units that depend on 
the equation that it refers to. For some reactions, it is 
also possible that it has no units.

 ■ Equilibrium reactions may be represented by rate 
versus time graphs and concentration versus time 
graphs.

 ■ Quantitative predictions may be made by performing 
calculations based on the equilibrium law.

 ■ There are a number of ways that changes may be 
made to a reaction that is at equilibrium. These 
include the addition or removal of a participating 
substance, dilution, pressure changes (through com-
pression or expansion) and temperature changes.

 ■ Le Châtelier’s principle may be used to pre-
dict the effect of a change to a mixture that is at 
equilibrium.

 ■ The yield of a chemical reaction is usually expressed 
as a percentage that compares the actual amount 
obtained with the theoretical maximum amount 
possible.

 ■ Equilibrium reactions are important in many situ-
ations. Many useful chemicals are manufactured 
industrially using such reactions. They are also 

important biologically, as illustrated by the way 
that oxygen is transported around the body using 
haemoglobin. 

 ■ Carbon monoxide poisoning involves competing 
equilibrium reactions. Carbon monoxide competes 
very effectively with oxygen, resulting in a drastic 
reduction in the amount of haemoglobin available 
for oxygen transport.

Multiple choice questions
 1. A reaction has an equilibrium constant, Kc, of 

magnitude 2.56 × 10–7. From this we can say that:
a there will be minimal conversion of reactants 

into products
b equilibrium will be established very quickly
C equilibrium will be established very slowly
D the backward reaction will have a faster rate 

than the forward reaction.

Use the following information to answer questions 2–4.
An equilibrium reaction is represented by the thermo-
chemical equation:

2A(g) + 2B(g) ⇌ 3C(g) ΔH = –10 kJmol–1

 2. The correct expression from which to calculate the 
equilibrium constant for this reaction is:

a 
A B

C
[ ][ ]

[ ]  C 
C

A B

3

2 2
[ ]

[ ] [ ]

b 
A B

C

2 2

3
[ ] [ ]

[ ]
 D 

C

A B
[ ]

[ ][ ]
 3. The units for the equilibrium constant for this 

reaction are:
a M C M–1

b M
1
2

−  D M
1
2

 4. If the temperature at which this reaction is carried 
out is lowered, the value of Kc will:
a increase
b decrease
C remain the same
D change in a manner related to the total number 

of particles on each side of the equation.
 5. When molecular iodine is mixed with iodide 

ions, an equilibrium is set up as triiodide ions are 
produced. The equation for this process is:

I2(aq) + I–(aq) ⇌ I3
–(aq)

  Suppose that, once this equilibrium is established, 
some iodine is removed and replaced by exactly 
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Use the following information to answer questions 10 
and 11.
A reaction between the chemicals A, B and C is 
allowed to reach equilibrium. The equation for this 
reaction is:

A(g) + 2B(g) ⇌ C(g)

At a certain time, t, a change is made.
The graph below shows the concentration of each of 

these substances before and after this change.
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t
Time

 10. What type of change was made at time t?
a The addition of one of the substances
b The removal of one of the substances
C An increase in volume
D A decrease in volume

 11. From top to bottom, the graphs refer to the 
substances:
a C, B, A
b A, B, C
C B, A, C
D C, A, B.

Review questions
Equilibrium and the equilibrium law
 1. What is the difference between a reversible reaction 

and an irreversible reaction?
 2. What is the difference between the rate of a 

reaction and the extent of a reaction?
 3. Using radioactive tracers (small amounts of 

radioactive isotopes), it is possible to demonstrate 
the dynamic nature of equilibrium. Describe 
how such an experiment may be performed, 
choosing a specific example to illustrate your 
answer.

the same amount of radioactive iodine. After some 
time, we would expect that:
a the overall total level of radioactivity would 

increase
b radioactivity would be detected in I2, I– and I3

–

C radioactivity would be detected in I2 and I3
–, 

but not in I–

D radioactivity would be detected only in the I2.

Use the following information to answer questions 6–8.
The reaction represented by the equation:

CO2(g) + H2(g) ⇌ CO(g) + H2O(g)

has an equilibrium constant, Kc, of 1.58 at 990  °C.
In an experiment, the concentrations of these four 

substances were measured at a particular time. The 
values obtained are shown below.

 [CO2] = 0.002  08 M
 [H2] = 0.002  21 M
 [CO] = 0.002  70 M
 [H2O] = 0.002  50 M

 6. Which of the following statements is true of this 
reaction at this time?
a There is a net forward reaction.
b There is a net backward reaction.
C The rate of the backward reaction is faster than 

the rate of the forward reaction.
D The reaction is at equilibrium.

 7. After equilibrium was established, the volume 
of the container was increased. Which of the 
following statements about the effect of this change 
is true?
a There will be no effect on the concentrations of 

any of the substances.
b There will be no effect on the amounts of any of 

the substances.
C The concentration of carbon monoxide will 

increase.
D The amount of carbon monoxide will increase.

 8. In another experiment involving the same 
reaction (and at the same temperature), a 
mixture was allowed to reach equilibrium. At this 
point, the concentrations of CO2, H2 and CO were 
0.0046 M, 0.000  67 M and 0.0022 M respectively. The 
concentration of H2O would therefore have been:
a 0.0009 M C 0.0022 M
b 0.0016 M D 0.0044 M.

 9. If some product is removed from a system that is at 
equilibrium:
a the value of the equilibrium constant would 

decrease
b a net backward reaction would result
C the rate of the backward reaction would 

increase
D extra product would be produced to 

re-establish the equilibrium.
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 11. The reaction represented by the equation:

A + 2B ⇌ C + D

  was investigated by mixing various amounts of 
these four substances. After a period of time, the 
concentration of each species was measured. This 
procedure was repeated a number of times to give 
the results shown in the following table.

Experiment [A] [B] [C] [D]

1 1.7 1.2 2.5 2.8

2 1.4 0.9 2.3 2.7

3 1.6 1.1 2.3 2.4

4 1.5 0.9 2.6 2.8

5 1.4 1.0 2.5 2.7

 At the temperature of this experiment, it is 
known that the value of the equilibrium constant 
is 6.0.
 In which of the above experiments was the 
reaction mixture at equilibrium when it was 
analysed?

 12. The formation of ethyl acetate, CH3COOCH2CH3, 
is represented by the equation:

CH3COOH(l) + CH3CH2OH(l) ⇌
CH3COOCH2CH3(l) + H2O(l)

The value of Kc for this reaction is 4.
 A number of experiments were conducted in 
which various amounts of these chemicals were 
mixed and allowed to react for varying periods of 
time. The results are tabulated below.

Experiment [CH3COOH] [CH3CH2OH] [CH3COOCH2CH3] [H2O]

1 1 1 1 1

2 4 0.5 2 4

3 1.5 1 3 1.5

4 0.5 1 1.5 2

5 1 1.5 2 3

6 3 2 1.5 1

(a) In which experiments had equilibrium been 
achieved by the time of the analysis?

(b) For those not at equilibrium, in which 
direction would the reaction proceed to 
establish equilibrium?

 4. It has been estimated that the reaction between 
methane and oxygen represented by the  
equation:

CH4(g) + 2O2(g) ⇌ CO2(g) + 2H2O(g)

has an equilibrium constant, at room temperature, 
of 10140.
(a) What does this value suggest about the extent 

of this reaction?
(b) Do you think the use of the ⇌ arrow is justified 

in the above equation?
 5. Write an expression for the equilibrium constant for 

each of the following equations.
(a) Cl2(g) + 3F2(g) ⇌ 2ClF3(g)
(b) N2(g) + O2(g) ⇌ 2NO(g)
(c) 4HCl(g) + O2(g) ⇌ 2H2O(g) + 2Cl2(g)
(d) 2COF2(g) ⇌ CF4(g) + CO2(g)
(e) P4(g) + 10F2(g) ⇌ 4PF5(g)

 6. For each of the reactions shown in question 5, state 
the units for Kc.

 7. Two students, Isla and Colin, were discussing 
the use of M as a unit. Colin stated that Kc can’t 
have these units as M is a unit of concentration. 
However, Isla maintained that, although it is a unit 
of concentration, Kc could also sometimes have this 
unit. Who is correct? Explain.

 8. Consider the reaction:

A(aq) + B(aq) ⇌ C(aq)

which is being investigated at constant temperature.
 Explain why the concentrations of A, B and C can 
vary enormously from one investigation to another, 
yet each time they are at equilibrium.

 9. An equilibrium reaction is represented by the 
following equation:

W(aq) + 2X(aq) ⇌ 2Y(aq) + Z(aq)

  The magnitude of the equilibrium constant at a 
particular temperature is 6.3.
(a) What are the units of the equilibrium constant?
(b) Calculate the value of the equilibrium constant 

for the reaction:

2Y(aq) + Z(aq) ⇌ W(aq) + 2X(aq)

 10. An equilibrium mixture consisting of hydrogen, 
iodine and hydrogen iodide was analysed. It was 
found that 1.1 mol of hydrogen and 3.3 mol of 
hydrogen iodide were present in a 3.0 L container 
at a temperature of 600 K.
(a) If the value of the equilibrium constant, Kc, is 

49 for the reaction:

H2(g) + I2(g) ⇌ 2HI(g)

 calculate the concentration of iodine.
(b) Why is the temperature specified in this 

question?
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 13. Hydrogen and iodine combine at 450 °C to make 
hydrogen iodide. The value of the equilibrium 
constant at this temperature is 64. In a particular 
experiment, 2.5 mol of hydrogen and 1.3 mol of 
iodine were found to be present at equilibrium 
in a 2.0 L vessel. Calculate the mass of hydrogen 
iodide present.

 14. In a reaction specified by the equation:

2A(g) ⇌ 2B(g) + C(g)

  3.5 mol of substance A is initially introduced into 
a 500 mL reaction vessel and allowed to reach 
equilibrium. At this stage, its concentration was 
found to be 2.0 M. Calculate the value of the 
equilibrium constant for this reaction.

 15. In a 10 L vessel, 0.20 mol of SO2, 0.40 mol of O2 and 
0.70 mol of SO3 were mixed and allowed to come to 
equilibrium. Upon establishment of equilibrium, it 
was found that 0.30 mol of SO3 remained. Calculate 
the value of the equilibrium constant for this 
reaction, given that the equation is:

2SO2(g) + O2(g) ⇌ 2SO3(g)

 16. Upon dissolving in water, the sugar α-d-glucose 
undergoes conversion into an isomer called 
β-d-glucose. This process is called mutarotation 
and reaches equilibrium when 63.6% of the original 
α-d-glucose has been converted. Calculate the 
value of the equilibrium constant for this process.

 17. In an experiment, the equilibrium established 
between substances A, B and C was investigated. 
Certain initial concentrations of each substance 
were mixed and then allowed to come to 
equilibrium.

 The reaction between these three substances may 
be represented by the equation:

A + yB ⇌ zC

The changes in concentration are shown in the 
graph below.
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(a) Identify which line belongs to which substance.
(b) During the first 30 seconds of the experiment, 

how does the rate of the forward reaction 
compare with the rate of the backward reaction?

(c) After 30 seconds, how does the rate of the 
forward reaction compare with the rate of the 
backward reaction?

(d) From the graph, identify the values of y and z 
in the equation.

(e) Calculate the equilibrium constant for this 
reaction.

Making changes to equilibrium mixtures
 18. Predict the effect of the stated change on each of 

the systems represented by the equations below.
(a) CO(g) + 2H2(g) ⇌ CH3OH(g) 
 (adding methanol)
(b) CO(g) + H2O(g) ⇌ CO2(g) + H2(g) 
 (increasing the pressure)
(c) 4HCl(g) + O2(g) ⇌ 2H2O(g) + 2Cl2(g)
 (increasing temperature, given that the 

reaction is exothermic)
(d) PCl5(g) ⇌ PCl3(g) + Cl2(g) 
 (removing chlorine)

 19. Pure hydrogen iodide is a gas that partially 
decomposes when heated according to the 
equation:

2HI(g) ⇌ H2(g) + I2(g)

  At 500 K, the equilibrium constant for this reaction 
is 6.25 × 10–3. At 600 K, the equilibrium constant is 
2.04 × 10–2.
(a) Is this reaction exothermic or endothermic?
(b) Calculate the value of the equilibrium 

constant at 500 K for the reaction:

H2(g) + I2(g) ⇌ 2HI(g)

 20. A student was asked to explain why the use of 
increased pressure should favour the formation of 
sulfur trioxide, SO3, according to the equation:

2SO2(g) + O2(g) ⇌ 2SO3(g)

As part of her answer, she stated that ‘.  .  .  the 
increased pressure will cause the system to move to 
the right. The resulting increase in the equilibrium 
constant means that there will be more SO3 present’. 
Criticise the chemical accuracy of her answer.

 21. Suppose that compounds A and B react according 
to the following equation.

A(aq) + B(aq) ⇌ C(aq) + D(aq)

(a) If 500 mL of an equilibrium mixture from this 
reaction is analysed and found to contain 
0.010 mol of A, 0.020 mol of B, 0.010 mol of C 
and 0.040 mol of D, calculate the value of the 
equilibrium constant.
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(b) A second equilibrium mixture at the same 
temperature and of the same volume is 
analysed. The concentrations of A, B and C are 
all found to be equal to 0.020 M. How many 
moles of D are present?

(c) What would be the effect, on the amount of 
D present at equilibrium, of adding a further 
500 mL of water to make a total volume of 1 L?

 22. It’s not very likely that you can understand 
Hungarian, but the symbols of chemistry form an 
international language. This is one item from a 
Hungarian book of chemistry questions.

216. Az ammónia oxidációs folyamatát az 
alábbi egyenlet fejezi ki:

4NH3 + 5O2 = 4NO + 6H2O
Q = –226.5 kJ/mól

Az egyenletekben szereplö vegyületek 
közül a NO képzödéshöje pozitív, az NH3 
és a víz kép´ódéshöje negatív. Ennek 
ismeretében magyarázzuk meg, miért 
kell a reakciót nagy reakciósebességgel 
lejátszatni, majd a reakciótermékeket 
gyorsan lehüteni?

(a) Describe the reaction referred to in the 
question.

(b) Is this reaction an exothermic or an 
endothermic reaction?

(c) Would this reaction be best performed at a 
high or low temperature to obtain a high value 
for the equilibrium constant?

(d) Would the formation of products in this 
reaction be favoured by high or low pressure?

 23. The table below shows the percentage formation 
of a product in equilibrium mixtures at different 
temperatures and pressures.

Pressure 
(× 105 Pa)

temperature (°C)

200 300 400 500

  1 10  3.5  1.3  0.5

200 64 30 23 19

300 98 62 43 21

(a) Is the reaction under study exothermic or 
endothermic?

(b) If the equation for this reaction was written, 
how would the number of particles on the 
right-hand side compare with the number on 
the left?

 24. Methanol may be prepared commercially from 
carbon monoxide and hydrogen using a suitable 
catalyst, according to the equation:

CO(g) + 2H2(g) ⇌ CH3OH(g) ∆H = –92 kJ mol–1

(a) How could the pressure under which the 
reaction is performed be adjusted to maximise 
the yield of methanol?

(b) How could the temperature at which the 
process is performed be adjusted to make 
more methanol?

(c) If extra carbon monoxide is added, how 
would this affect the amount of methanol 
produced?

(d) Which of the above proposals would 
actually change the value of the equilibrium 
constant?

 25. In an investigation of the decomposition of 
hydrogen iodide, represented by the equation:

2HI(g) ⇌ H2(g) + I2(g)

the concentration versus time graph shown in the 
figure below was obtained.

0 2 4 6 8 10 12 14 16 

Time (minutes)

[H
I]

(a) Describe what happened during the first 
2 minutes of the experiment.

(b) Describe what was happening from the 4- to 
8-minute marks.

(c) Give an explanation for the cause of the dip in 
the graph at the 8-minute mark.

(d) What do you think might have happened at 
the 14-minute mark?

(e) What do you think might have happened at 
the 16-minute mark?

(f) Did the change occurring at the 16-minute 
mark affect the equilibrium or not? Explain.

 26. Ammonia may be prepared according to the 
equation:

N2(g) + 3H2(g) ⇌ 2NH3(g) ∆H = –92 kJ mol–1

  In a particular experiment using typical industrial 
equipment, at a particular temperature, T, 
equilibrium was obtained with 4.32 mol of N2, 
2.00 mol of H2 and 4.00 mol of NH3 present in a 
2.00 L pressure vessel.
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(a) Calculate the value of the equilibrium 
constant at the temperature of this 
experiment.

(b) Calculate the pressure exerted by the mixture 
of gases at equilibrium in terms of T.

(c) If the volume of the pressure vessel is reduced 
(at constant temperature), what effect would 
this have on the amount of NH3 present?

Applications of equilibrium
 27. Nitric acid is manufactured on a large scale by the 

Ostwald process. Ammonia is an important input 
into this process. The first step in the Ostwald 
process involves the following reaction.

4NH3(g) + 5O2(g) ⇌ 4NO(g) + 6H2O(g)  
 ΔH = –900 kJ mol–1

  This reaction is carried out using a platinum/
rhodium catalyst, at a pressure of about 
10 atmospheres.
(a) Is the formation of NO in the equation above 

favoured by high or low temperatures? 
Explain.

(b) Explain why a catalyst is used in the above 
reaction, and how its use would improve the 
yield of NO.

(c) In an industrial context, a pressure of 
10 atmospheres is not considered high. The 
ammonia used in this process, for example, is 
made at a pressure of about 250 atmospheres. 
Explain why the reaction above is not carried 
out at such a high pressure.

 28. Making methanol on a commercial scale involves 
pumping a mixture of carbon monoxide and 
hydrogen through a reaction chamber containing 
a mixture of ZnO and Cr2O3. This reaction is 
best carried out at a particular temperature and 

at a particular pressure. The equation for this 
reaction is:

CO(g) + 2H2(g) ⇌ CH3OH(g) ΔH = –91 kJ mol–1

(a) To maximise the rate of this reaction, should 
this reaction be carried out at higher or lower 
temperatures?

(b) To maximise the yield of this reaction, should 
it be carried out at high or low temperatures?

(c) Describe the function of the ZnO/Cr2O3 
mixture and how it partially solves the 
problem posed by your answers to (a) and (b).

(d) How could the methanol be easily separated 
from the exit gases? What should be done with 
the unreacted CO and H2?

 29. Both oxygen, O2, and carbon monoxide, CO, can 
attach to the haemoglobin molecule. Under the 
normal biological conditions within the body, O2 
attaches itself to haemoglobin in the lungs and 
detaches itself when the haemoglobin is in the 
vicinity of respiring tissues. Carbon monoxide 
can also attach itself to haemoglobin while in the 
lungs, but is unable to detach when near respiring 
tissues.
(a) Using the symbol Hb4 as an abbreviation for 

the haemoglobin molecule, write an equation 
for the reaction between haemoglobin and 
oxygen.

(b) Write an equation for the reaction between 
haemoglobin and carbon monoxide.

(c) Write the expression for the equilibrium 
constant for each of the reactions.

(d) From the information above, comment on the 
relative values of the equilibrium constants for 
the reactions.

(e) From your answer to (d), explain why carbon 
monoxide is such a poisonous gas.
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186 Unit 3

exam practice questions

In a chemistry examination, you will be required to answer a number of multiple choice  
and extended response questions.

Extended response questions
1. A simple form of colorimetric analysis may be used to study the equilibrium represented by the following 

equation.

 Br2(aq) + 2OH–(aq) ⇌ OBr–(aq) + Br–(aq) + H2O(l)  ΔH = +15 kJ mol–1

 As molecular bromine, Br2, is the only coloured species in this reaction, its red-brown colour may be used 
to monitor various changes made to this equilibrium.

  A student performed an experiment where 10 mL samples of reaction mixture were poured into identical 
test tubes. The four changes listed below were then made to different samples of the equilibrium mixture. 
The colours before and after the changes were compared.

 Change 1: A small amount of solid potassium bromide was added and the mixture stirred to dissolve it.

 Change 2: A small amount of solid sodium chloride was added and the mixture stirred to dissolve it.

 Change 3: The solution was warmed from room temperature to 50  °C.

 For each of these three changes:

(a) state whether you would expect the solution to darken, lighten or stay the same 3 marks

(b) use Le Châtelier’s principle to explain your answer in (a). 3 marks

2. Consider an equilibrium at room temperature that is represented by the following equation.

 2A(g) + B(g) ⇌ 2C(g)  ΔH = –100 kJ mol–1; Kc = 10.0 M–1

 For this reaction, it is possible to calculate the value of Q at any stage of the reaction using the following 
formula.

C

A B

2

2Q
[ ]

[ ] [ ]
=

 In one particular experiment, 1.5 mol of A, 0.50 mol of B and 2.5 mol of C are mixed in a 2.0 L container at 
room temperature.

(a) Calculate the value of Q at the start of this experiment. 2 marks

(b) Use your answer to (a) to explain how the rate of the forward reaction compares with the rate of the 
backward reaction at the start of this experiment. 1 mark

(c) Some time later, the rates of the forward and backward reactions are measured and found to be equal. 
What is the value of Q at this time? Explain. 2 marks

 The experiment is now repeated under identical conditions, except that a catalyst is added to the initial 
mixture. The rates of the forward and backward reactions are again monitored over a period of time.

(d) How would the initial rate of the forward reaction in the second experiment compare with the initial 
rate of the forward reaction in the first experiment? 1 mark

(e) How would the initial rate of the backward reaction in the second experiment compare with the initial 
rate of the backward reaction in the first experiment? 1 mark

(f) After waiting the same amount of time as for (c), what would be the value of Q in the second 
experiment? Explain. 2 marks
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3. The reaction represented by the equation:

 xC(g) ⇌ yA(g) + B(g)

 is studied by monitoring the concentration of its three species over time. The graph below shows the results 
that were obtained. Note that one of the substances is already labelled.
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(a) Label the other two lines on the graph with their correct substances. 2 marks

(b) What are the values of x and y in the equation above? 2 marks

(c) Calculate the value of the equilibrium constant immediately before time t1. 1 mark

(d) What change was made to this system at time t1? Explain. 2 marks

(e) At time t2, the temperature was increased. Is this reaction exothermic or endothermic? 
Explain your reasoning, clearly showing any necessary calculations. 3 marks
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