Download k3.3_2.2a:
Energy profiles for a reaction – the affect of catalysts.

(N.B. Notes in this download are confined to some issues that seem often to be overlooked in discussions on this subject – especially in student’s (and my own) initial understandings of the topic. The topic is covered in almost every chemistry text to A-level and in first-year undergraduate texts so no attempt is made here to produce a comprehensive treatment at any level. Reference is made to the text:

Atkins P & Jones L (1999) ‘Chemical Principles: the quest for insight.’ New York,  W H Freeman

since it contains better diagrams that are drawn here and, where appropriate, a fairly comprehensible mathematical background (for the KS5+ teacher) It is probably better for you to use a text-book with which you are already familiar – diagrams and discussions should be fairly easy to identify. Remember that the intention here is more to encourage debate than to provide facts for re-transmission. This is also the express purpose of the Atkins / Jones text.)

(The ideas within this download are covered in A&J Chapter 4 (the properties of gases) and chapter13 (Chemical Kinetics). It is more usual to cover Equilibrium before kinetics. However, the energy profile for a typical reaction that is the focus of this section is very helpful for both thermodynamics and kinetics. It also helps link both of these with the random movements of ‘particles’ – and in the gaseous state at least this can be treated statistically. The qualitative insights gained from the resulting Maxwell-Boltzmann distributions of molecular speeds for different gases, different temperatures and the consequent range of molecular collision energies seem very important in getting an understanding of factors that affect the amounts of reaction that takes place to equilibrium and the rates at which reactions occur. Some annotated sketches of the appropriate curves are given on the next two pages – but please refer also to more carefully drawn examples in text-books.

What follows is a qualitative description of the collision theory. Unless reacting molecules come into contact it is inconceivable that they can react!

· Note that for the same number of molecules of different gases at the same temperature the distribution of molecular energies is the same – however the speeds of the molecules are distributed differently – with lower speeds on average being found in the gases of higher molecular mass. (Figure 1 p2)

· The distribution curves for a fixed number of molecules of the same gas at different temperatures look very similar. (Figure 1 p2)

· The distribution of collision energies between particles (Figure 2 p2) is again a similar set of curves with the mean value increasing as the temperature increases. For chemical reactions that are fairly slow at ordinary temperatures collision energies leading to reaction (see Fig 3 p3) are well above this mean value and only a very small proportion of the collisions between reacting species actually lead to a reaction. As the temperature rises the proportion of collisions that exceed the critical value (Ea) increases exponentially and thus reaction rates can be critically dependent on temperature.
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Curve 1 could represent the distribution of ‘heavy’ molecules at a certain temperature
or distribution of a particular gas at a low temperature.

Curve 2 could represent the distribution of ‘intermediate’ molecules at a certain
temperature or distribution of a particular gas at a intermediate temperature.

Curve 3 could represent the distribution of ‘light’ molecules at a certain temperature
or distribution of a particular gas at a High temperature.

A similar diagram shows the energy distribution of collisions taking place at two
different temperatures for a fixed amount of gas (The Boltzmann equation gives the
fraction of collisions taking place with an energy greater than E, as proportional to:
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Note that the effect increasing the temperature has a MUCH greater affect on the
proportion of molecules colliding with energies that are considerably greater than
average. E.g. those above E,. (The total area under both curves must be the same since
the amount of gas is constant.) This explains why rates of reactions with high energies
of activation (see Fig 3) can be very sensitive to changes in temperature.




[image: image2.jpg]The Energy Profile for a typical reaction — showing an alternative pathway for
the reaction with a catalyst present.

N.B. Products and reactants are labelled for the forward reaction — these are
reversed for the reverse reaction. In this case the forward reaction is exothermic.
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· Equilibrium will be reached when the rate of the forward reaction is equal to that of the back at that particular temperature. This will mean in the case of a reaction such as that represented by Fig 3 that the equilibrium will:

· (i) lie well over to the right hand side in favour of the products

· (ii) that an increase in the temperature will cause a shift in the position of the equilibrium towards the reactants. (The higher temperature affects the number of collisions with sufficient energy to cross the higher energy barrier more.

· The activated complex is not often a stable entity – although sometimes an intermediate is formed (if there is an energy-well at the top of the pathway) and sometimes this can be isolated. If there is an intermediate it would be arguable that that this was now a reaction taking place in two stages. (See Download 2.3.1.

· The presence of a catalyst would provide an alternative pathway with a lower energy of activation (Draw your own dotted pathway line on Fig 3!) This affects the rates of both forward and back reactions but NOT the energy change between the reactants and products. A catalyst changes the rate to equilibrium but NOT the position of equilibrium. (It is sometimes implied that a catalyst changes the rate of a chemical reaction without taking part in it. This is simply not possible – the catalyst can only provide an alternate pathway if it is involved in the reaction and is then regenerated at a later stage. (When a hydrogen and oxygen mixture is exposed to a platinum surface some of the hydrogen combines with the surface, weakening the H-H bond and enabling reaction with oxygen to proceed more quickly.)

· Particularly in the case of reactions between complicated molecules it is often important that the collision takes place at the correct point of the molecules as well as with the molecules in the correct orientation. Thus reaction may be unlikely under normal circumstances, but it may be facilitated by the presence of a suitable enzyme catalyst.

· Again with more complex reactants it is often possible that a large number of different reactions can take place along a number of different pathways (and with a number of different sequences of reaction). In these cases the reactions compete with one another and a variety if different products can be formed. Learning to control these situations and to maximise the proportion of the desired product is the aim of the synthetic chemist.

The visualisation of this diagram is sometimes difficult. Remember that the ‘energy’ is the potential energy within the particles (molecules) of the colliding species. In this case, as the molecules of the reactants approach one another the potential energy increases at the expense of the kinetic energy. Providing that there is at least sufficient kinetic energy to reach the top of the barrier (the activated complex), the potential energy will decrease as the activated complex ‘decomposes’ to form the products. Since the products are at a lower potential energy than the reactants the product particles have a higher kinetic energy (Higher temperature – heat has been given out.) It should be clear that the ‘reaction coordinate’ represents – from left to right the approach of the reactants before the collision – the rearrangement to form the activated complex and the separation of the reactants. In principle the reaction is reversible, but the collision of the particles from the right-hand side has to be much more energetic to allow the formation of the activated complex.








