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Le Chatelier’s Principle, The Haber Process and The Contact Process

OBJECTIVES:

11. Describe and explain the application of equilibrium and kinetics concepts to the Haber process and the Contact process.
12. Using Le Chatelier’s principle, describe and predict the qualitative effects of changes of temperature, pressure and concentration on the position of equilibrium and the value of the equilibrium constant.
Le Chatelier’s Principle and Rate of Reaction

The conditions affecting equilibrium are temperature, pressure, and concentration of reactants and products.  If a system is in equilibrium and a condition is changed, then the system will shift towards restoring the equilibrium.  If a stress is put on a reversible reaction at equilibrium, the system will shift in such a way to relieve the stress.  This is Le Chatlier’s Principle.  

Consider N2 (g) + 3H2 (g) ↔2NH3 (g) + energy

Concentration:

Increase [ ] of either reactant and increase the number of collisions between particles.  Therefore, the reaction will shift to the right and increase in products.  An increase in products will also increase the rate of the reverse reaction, making reactants.

Pressure:

Pressure affects the rate of reaction especially when you look at gases.  When you increase the pressure the molecules have less space to move around.  That greater concentration makes them collide with each other more often.  When you decrease the pressure molecules don't hit each other as much and there are fewer collisions.  That lower pressure lowers the rate of reaction.

An increase in pressure increases the rate at which the product is formed.  

Double the pressure

· Kc = [NH3]2 / [N2][H2]3 

· Kc = [2NH3]2 / [2N2][2H2]3 

· Kc = 4[NH3]2 / 2[N2]8[H2]3 

· Kc = 4[NH3]2 / 16[N2][H2]3 

· The forward reaction is increased 16 times.

Consider H2 (g) + Cl2 (g) ↔ 2HCl (g)

If the number of molecules of reactants equals the number of molecules of products, a change in pressure will not shift the equilibrium because concentration varies directly with pressure.  The rate in each direction would be affected in the same way.  An increase in pressure will always drive a reaction in the direction of the smallest number of molecules of a gas.  This will only affect gasses.

Temperature:
Both forward and reverse reactions at equilibrium are sped up by an increase in temperature.  However, both are affected by different amounts.

When you raise the temperature of a system the molecules bounce around a lot more (because they have more energy).  When they bounce around more they are more likely to collide.  That means they are also more likely to combine.  When you lower the temperature the molecules are slower and collide less.  That temperature drop lowers the rate of the reaction.

Consider energy as either a product or a reactant.  In our example, energy is a product.  If energy is considered a product, the addition of energy would increase the concentration of the product.  Equilibrium will shift to the left to reduce the stress in the reaction. 
Kc in Homogeneous Equilibria
A good example of a gaseous homogeneous equilibrium is the conversion of sulphur dioxide to sulphur trioxide at the heart of the Contact Process:
2SO2 (g) + O2 (g) ↔ 2SO3 (g) + ∆H 

This time the Kc expression will include some visible powers:


The Contact Process:

· makes sulphur dioxide;

· converts the sulphur dioxide into sulphur trioxide (the reversible reaction at the heart of the process);
· converts the sulphur trioxide into concentrated sulphuric acid.
According to Le Chatelier's Principle, increasing the concentration of oxygen in the mixture causes the position of equilibrium to shift towards the right.  Since the oxygen comes from the air, this is a very cheap way of increasing the conversion of sulphur dioxide into sulphur trioxide.

You need to shift the position of the equilibrium as far as possible to the right in order to produce the maximum possible amount of sulphur trioxide in the equilibrium mixture.

The forward reaction (the production of sulphur trioxide) is exothermic.  According to Le Chatelier's Principle, this will be favoured if you lower the temperature.  The system will respond by moving the position of equilibrium to counteract this - in other words by producing more heat.

In order to get as much sulphur trioxide as possible in the equilibrium mixture, you need as low a temperature as possible.  However, 400 - 450°C isn't a low temperature.

Notice that there are 3 molecules on the left-hand side of the equation, but only 2 on the right.  According to Le Chatelier's Principle, if you increase the pressure the system will respond by favouring the reaction, which produces fewer molecules.   That will cause the pressure to fall again.
In order to get as much sulphur trioxide as possible in the equilibrium mixture, you need as high a pressure as possible.  High pressures also increase the rate of the reaction.  However, the reaction is done at pressures close to atmospheric pressure.
Even at these relatively low pressures, there is a 99.5% conversion of sulphur dioxide into sulphur trioxide.  The very small improvement that you could achieve by increasing the pressure isn't worth the expense of producing those high pressures.
The Haber Process (aka Haber-Bosch process) is the reaction of nitrogen and hydrogen to produce ammonia. 

The nitrogen and hydrogen are reacted over an iron catalyst under conditions of 200 atmospheres, 450°C: 

N2 (g) + 3H2 (g) ↔ 2NH3 (g) + ∆H
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The process was developed by Fritz Haber and Carl Bosch in 1909 and patented in 1910.  It was first used on an industrial scale by the Germans during World War I: Germany had previously imported nitrates from Chile, but the demand for munitions and the uncertainty of this supply in the war prompted the adoption of the process.  The ammonia produced was oxidized for the production of nitric acid in the Ostwald process, and the nitric acid for the production of various explosive nitro compounds used in munitions. 

Equilibrium and the Haber Process 
The reaction of nitrogen and hydrogen is reversible, meaning the reaction can proceed in either the forward or the reverse direction depending on conditions.  The forward reaction is exothermic, meaning it produces heat and is favored at low temperatures.  Increasing the temperature tends to drive the reaction in the reverse direction, which is undesirable if the goal is to produce ammonia.  However, reducing the temperature reduces the rate of the reaction, which is also undesirable.  Therefore, an intermediate temperature high enough to allow the reaction to proceed at a reasonable rate, yet not so high as to drive the reaction in the reverse direction, is required. 

High pressures favor the forward reaction because there are fewer molecules on the right side.  So the only compromise in pressure is the economical situation trying to increase the pressure as much as possible.

The catalyst has no effect on the position of equilibrium, however it does increase the reaction rate.  This allows the process to be operated at lower temperatures, which as mentioned before favors the forward reaction.  The first Haber-Bosch reaction chambers used osmium and uranium catalysts.  However, today a much less expensive iron catalyst is used almost exclusively.                                                                                            

Notwithstanding its original adoption as a military necessity, the Haber process now produces about half of all the nitrogen used in agriculture: billions of people are alive and fed from its use.
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