
Case Study: The Industrial Manufacture of Ammonia –
The Haber Process

N2(g) + 3H2(g) Ý 2NH3(g),                  ΔH = −92.4 kJmol-1

Note: by convention DH refers to the forward reaction which is exothermic in this case.

To maximise our production of ammonia we could try:

1. Increasing the pressure – we have 4 moles of gas on the left, 2 on the right, so if 
we increase the pressure, the system will try to lower its pressure by shifting the 
equilibrium right – the forward reaction is favoured and our yield increases! 
However, high pressure reactors need thick walls and so are expensive!

2. Increasing the temperature – this increases the rate of reaction and hence, rate of 
synthesis. However, the forward reaction is exothermic, so the overall yield will be 
reduced as high temperatures favour the reverse reaction. However, this reaction 
does have a high activation energy as we need to break the triple N≡N bond!

3. Reduce the activation energy – this can be done using a catalyst and will allow the 
reaction to reach equilibrium more rapidly and at a lower temperature.

In the Haber Process, ammonia (NH3) is synthesised from nitrogen and hydrogen gases:

Oh dear! What shall we do – so many conflicting factors!
We shall reach a compromise:

According to Le Chatelier’s Principle:

A high pressure and low temperature will produce optimum yield (600 x102kPa (600 
atm) and 473K (200oC) produce near 100% yield). A lower temperature also prolongs 
the lifetime of our catalyst (it gets poisoned by impurities more slowly).

However, 
•a high pressure plant is expensive to build and maintain.
•a low temperature means that equilibrium is reached slowly (high activation energy 
and low collision rate).

We shall use: 200 x 102kPa and 673K, as used in most plants.

We shall use: an iron-based catalyst with a life of about 5 years under these conditions.

This would give a 40% conversion, but the reaction mixture does not stay in the reactor 
long enough and we get 15% conversion.

We remove the ammonia by cooling under pressure → NH3(l).

Unreacted gases can be easily recycled into the reactor! Easily done in a continuous
flow reactor!



Chemical Equilibria

Backwards and forwards

Note that we can classify reactions into two types:

1. Those that go to completion, which means that the reaction stops when at least one of 
the reactants is consumed. E.g. dissolving a strip of magnesium in excess hydrochloric 
acid (the acid is excess so the acid will not be used up, rather the Mg will be consumed 
first):

Mg(s) + 2HCl(aq) → MgCl2(aq) + H2(g).

2. Those reactions which are reversible because the products can react to re-form the 
reactants, so the reaction constantly goes in both directions:

[Co(H2O)6]
2+ + 4HCl(aq) [CoCl4]

2- + 6H2O + 4H+

As the above reaction proceeds from left to right, when we add concentrated 
hydrochloric acid to the pink hydrated cobalt complex, more of the blue chloride complex 
forms. As the concentration of the blue complex increases, so does its rate of reaction 
with water to re-form the pink complex. Conversely, the concentration of the pink
complex decreases and so does its reaction rate to form the blue complex. Eventually, 
the rate of the reverse reaction equals the rate of the forward reaction and an equilibrium 
(balance) is established. 

Reactions continue to occur at equilibrium, but the concentrations of the reactants and 
products remain constant. However, the concentration of the pink complex is not 
necessarily equal to the concentration of the blue complex, since this will depend on 
where the point of balance (position of the equilibrium) is reached, only the forward and 
reverse reaction rates are equal.

pink blue

N.B. Catalysts do not alter the position of the equilibrium

They simply speed up the rate of a reaction – both the forward and reverse reactions in 
a reversible reaction. This means that the point of equilibrium is reached faster!



Equilibria

A system is in a steady-state when its average properties do not change over time. When a 
steady-state system is also a closed system, the system is said to be in equilibrium.

Closed system: matter (and energy) cannot enter or leave the system, e.g. a sealed bottle 
half-full of carbonated water:

CO2(aq)  Ý  CO2(g)

Carbon dioxide gas exists in two states – dissolved in the water and in the air in the bottle 
above the water. 

CO2 molecules will constantly move back-and-forth between the two compartments (by 
diffusion). Over time the system establishes an equilibrium with the rate of CO2 leaving 
solution equal to the rate entering the solution –

At equilibrium: the rate of the forward reaction equals the rate of the reverse reaction.

This system is in a state of dynamic equilibrium – it is in macroscopic balance, but 
microscopically it is dynamic as molecules constantly react forwards and backwards.

N.B. at equilibrium the concentration of CO2, [CO2] in the two phases is not necessarily 
equal, in general:

[CO2(aq)]  ≠ [CO2(g)]

We define the chemicals on the left-hand side as the reactants, those on the right as the 
products.

N.B. The concentrations of the reactants and products at equilibrium is given by the position 
of the equilibrium:

•If the equilibrium lie to the left then the [reactants] > [products].

•If the equilibrium lies to the right then the [reactants] < [products].

•If the equilibrium lies in the middle then the [reactants] = [products].

At equilibrium the [reactants] and [products] are both constant!

Not all steady-state systems are in equilibrium:

Strictly, to be in equilibrium the system must be closed. The Earth’s atmosphere is an open 
system – gases constantly enter and leave it, and yet the levels of ozone remain fairly 
constant (pollution aside) – the stratosphere is in a steady-state and behaves essentially like 
a system in equilibrium.



Le Chatelier’s Principle:

If a system is at equilibrium, and a change is made in any of the conditions, then the 
system responds to counteract the change as much as possible.

1. Changing the concentration

E.g.

Fe3+(aq) + SCN-(aq) Ý [Fe(SCN)]2+(aq)

iron(III) + thiocyanate Ý iron thiocyanate

(yellow)    (colourless)     (deep red)

If we change the concentration of one of the chemicals and allow a new equilibrium to 
establish:

By adding ammonium chloride to complex Fe3+ and so removing it from the reaction:

Fe3+(aq) + NH4Cl(aq) → [FeCl4]
–(aq)

we have lowered [Fe3+(aq)] and the system compensates by shifting the position of its
equilibrium shifts to the left, increasing [Fe3+(aq)] and the solution becomes paler.

If we add more [Fe3+(aq)] the system compensates by shifting right, removing the excess 
Fe3+ and the solution darkens (becomes redder).

2. Changing the pressure

One mole of a gas occupies 24 dm3 at r.t.p. The more gas we have in a closed volume, the 
higher the pressure!

E.g. the synthesis of methanol:

CH4(g) + H2O(g) Ý CO(g) + 3H2(g)

2 moles 4 moles

If we increase the pressure, then according to Le Chatelier’s Principle the system will 
attempt to counter this by reducing its pressure. It can do this by reducing the amount of 
gas and so the equilibrium shifts left.

If we decrease the pressure, the system will try to increase it again by shifting right.

In the second stage of methanol synthesis:

CO(g) + 2H2(g) Ý CH3OH(g)

What will be the effect of a) increasing pressure and b) decreasing pressure?

Upsetting the balance



3. Changing the Temperature

E.g. Nitrogen dioxide naturally reversibly dimerises:

2NO2(g) Ý N2O4(g)

(brown)      (colourless)

•The forward reaction is exothermic (evolves heat).

•The backward reaction is endothermic (absorbs heat).

If we increase the temperature (e.g. immersing a sealed flask of the gases in hot water): 
the system compensates by reducing its temperature by absorbing heat by shifting the 
equilibrium to the left, favouring the endothermic reaction and so absorbing heat. The 
mixture of gases turns a darker brown.

If we decrease the temperature (e.g. by putting the flask on ice): the system compensates 
by producing more heat by favouring the forward exothermic reaction and so shifts its 
equilibrium right – the mixture become paler (almost colourless).

Equilibria can be linked together

When we mix CO2(g) and water, some of the CO2 dissolves in the water:

CO2(g) Ý CO2(aq)

When CO2 is dissolved in water, some of it exists in physical solution as CO2(aq) but some 
of it reacts with the water:

CO2(aq) + H2O(l) Ý HCO3
–(aq) + H+(aq)

We can link both equilibria together:

CO2(g) Ý CO2(aq) Ý CO2(aq) + H2O(l) Ý HCO3
–(aq) + H+(aq)

Now if we open the bottle of carbonated water, some of the CO2(g) escapes from the 
system, so to compensate more CO2(aq) → CO2(g) and to compensate the second 
equilibrium also shifts left to replace the CO2(aq) lost from the system! (Note that this is 
now an open system and it will not establish a new equilibrium until we replace the lid).

Equilibria can be established from either side

If we start with a pure sample of N2O4(g) and place it in a sealed bottle, it will establish an 
equilibrium by partly dissociating to NO2(g) and turning brown. If we place pure NO2(g) in 
the bottle it will turn pale as some of it dimerises to N2O4(g) and it will turn paler.



Q.1 Explain what is meant by the term ‘dynamic equilibrium’.

Q.2 What is the difference between a homogeneous and a heterogeneous equilibrium?

Q.3 A dynamic equilibrium occurs in a closed system. What do we mean by a closed system?

Q.4 State Le Chatelier’s Principle.

Q.5 Consider the following reaction:

What would you see if more acid was added to the yellow chromate(VI) solution and why?

Q.6 If in an equilibrium the forward reaction was endothermic, then would increasing the 
temperature favour the forward or reverse reaction?

Q.7 Consider the following reaction in which calcium carbonate decomposes on heating:

2CrO4
2-(aq) + 2H+(aq) Cr2O72-(aq) + H2O(l)

yellow orange

Q.8 In order to produce enough carbon dioxide to exceed atmospheric pressure, a 
temperature of 900oC is required, which is beyond the reach of a Bunsen burner which 
produces a maximum temperature of about 700oC. Calcium carbonate (as marble chips) is 
heated to decompose it by two different methods, as shown above. Method A involves 
heating the marble chips in a sealed tube and trying to get the CO2 produced to bubble 
through limewater to see if a white precipitate is formed (Ca(OH)2(aq) + CO2(g) → CaCO3(s) 
+ H2O(l)). No bubbles were observed and little decomposition of the CaCO3 results. In 
method B, the marble chips are heated in an open crucible for ten minutes and then 
weighed. They lose considerable mass due to the loss of carbon dioxide gas and much of 
the calcium carbonate has decomposed. Explain why method B is much more successful in 
getting the calcium carbonate to decompose with reference to Le Chatelier’s Principle.

Q.9 What effect does a catalyst have on a) the position of equilibrium and b) the rate at 
which equilibrium is reached?

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

Limewater (Ca(OH)2)

marble 
chips

crucible

marble chips

Bunsen burner Bunsen burner

Method A: Method B:

Will increasing the pressure shift the equilibrium left or right? Explain why?
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