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Dynamic Equilibria
(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  & Jones (1999) 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.)

(A&J Chapter 8)

Evaporation, saturated vapour pressure (SVP) and boiling.

When a pure liquid, such as water, is confined in a closed container that is only partially filled, a state of equilibrium is eventually reached in which the rate at which molecules of water evaporate from the surface is equal to the rate at which water molecules re-enter the liquid state when molecules in the vapour collide with the surface. At any particular temperature the pressure of the water vapour in equilibrium with the liquid is called the saturated vapour pressure of water at that temperature
· The saturated SVP of a liquid at a fixed temperature is independent of the surface area of the liquid – although the rate at which equilibrium is reached is highly dependent upon it.
· The saturated vapour pressure of a liquid increases exponentially with temperature. Compare this with the effect of temperature on any endothermic equilibrium - the reaction or change with the higher energy of activation is affected more by an increase in temperature. (See Figure 1: this indicates the change of SVP with temperature for three different liquids.)
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Figure 1: Variation of SVP for pure liquids with Temperature.

· Since it is only the molecules from the liquid that have sufficient energy to escape the surface (and these have a kinetic energy much greater than the average molecules at that temperature) it is often concluded that the temperature of the vapour is higher than that of the liquid. You must first convince yourself that they must be at the same temperature - and then convince your students.

· Note that the SVP of a liquid is independent of the volume of the vapour provided that both the liquid and vapour are in equilibrium and the temperature remains constant.
· The temperature at which the SVP of a liquid becomes equal to the atmospheric pressure on the surface of a liquid in an open container is the boiling point of the liquid. At this temperature it is possible for bubbles of the liquid’s vapour to be stable (until this temperature is reached any bubble of vapour would collapse completely!) At the boiling point, if bubbles can start forming, evaporation can occur into the bubble. These bubbles float to the surface getting bigger all the time, the vapour escapes into the atmosphere and the liquid is said to be ‘boiling’. This process allows energy to escape from the heated container as fast as energy is put in, so while a pure liquid is boiling its temperature remains constant. (Note: in an open container it is not possible for equilibrium to be reached. Also, if solutions are boiled their composition usually changes so the boiling temperature changes as the process continues.)
· The SVP of a liquid is lowered if a solute is added (although if the solute is itself volatile the SVP of the solution will be the sum of the SVPs of the two substances. Each will lower the others SVP according to the proportion of moles present.) If the solute is non-volatile the boiling point of the solution will be raised in proportion to the concentration. (This is the basis of ‘COLLIGATIVE’ properties - boiling point elevation, freezing point depression and osmotic pressure of solutions.) 

Melting points (= Freezing points).

The equilibrium temperature at which the solid phase is in equilibrium with the liquid phase is termed the freezing point – and providing that equilibrium can be maintained – it is identical with the melting point. For a pure substance this is a fixed temperature – for a solution the temperature also depends upon the composition of the two phases.

For the two phases to be in equilibrium it is necessary for the SVP of each of the phases to be the same. It can readily be appreciated that if, water and ice are in a closed container both will be in equilibrium with water vapour – and they can only be in equilibrium with each other if the SVP of ice is the same as that of liquid water, otherwise the one with the lower SVP will have more vapour molecules condensing on it than the other one. Reference to Fig 2, - a sketch of the SVP vs. temperature for water and ice will show that at temperatures above the freezing point solid ice has the higher SVP and at temperatures below the freezing point liquid water has the higher SVP. (If only ice, water and water vapour are together in equilibrium in a sealed container system is said to be at the ‘triple point’ and the temperature is 0.01oC. This is slightly above the defined freezing point of pure water since in this case the pressure on the surface of the ice is only the SVP of water. At a surface pressure of one atmosphere the freezing point is slightly less (since water expands on freezing.))
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Figure 2: SVPs of ice and water vs. temperature.

· The presence of a solute in the liquid phase will lower the SVP of the liquid and thus lower the freezing point. (Normally, when a solution freezes it is a pure substance that separates out.)

· Note that when a hot saturated solution of, say potassium nitrate is cooled, pure potassium nitrate crystallises out. This is an example of ‘solidification’ and is equivalent to ‘freezing’ – perhaps it is ‘not wrong’ to consider the dissolving of a salt in water as ‘melting’?  (See: Goodwin A (2002) ‘Is Salt Melting When It Dissolves in Water’ Journal of Chemical Education, 79 (3) pp. 393-396.)
Solubility in water.

· ‘Like dissolves like’. Water is an excellent ‘ionising solvent and readily forms ‘hydrogen bonds’ between water molecules and other molecules containing     -OH, -NH2, etc. groups. Molecules with large organic groups, for example, tend to be relatively insoluble in water since there is no significant interaction with the water to provide the energy necessary to separate the water molecules from each other (to break the hydrogen bonds.)

· It is quite difficult to find general patterns in solubility data for ionic compounds. The free energy of solution is made up of (a) an enthalpy term (that is the difference between two very large enthalpy changes (i) the energy required to separate the oppositely charged ions from the crystal lattice (ii) the energy given out when the ions are hydrated by ‘reaction’(?) with the water) and (b) an entropy term  (usually positive since entropy always increases when particles leave the solid (or liquid state) and mix into a liquid. (There is however the possibility that the solvent molecules will become more ordered when, say, ions become hydrated – and the entropy change of the solvent may make a negative contribution.)

· It is not usually appropriate to apply the Law of Mass Action quantitatively to the equilibrium between a solid ionic compound and the saturated solution of its ions in water since the ionic concentrations are so high that the molar concentrations of the ions no longer represent the ‘activities’ of the ions in solution. The only conditions under which this can be done are when the ionic compound is ‘almost insoluble’ in water. This gives rise to use of ‘solubility products’. For a very sparingly soluble salt such as silver chloride:

Ag+Cl-(s)   (   Ag+aq   +   Cl-aq


Kc = [Ag+aq][ Cl-aq]/[ Ag+Cl-(s)]


However, at constant temperature the concentration of a solid is constant.


Thus:

Ks = [Ag+aq][ Cl-aq]

Effects of temperature, pressure and concentration on the position of chemical equilibrium. This is usually considered using Le Chatelier’s principle (A&J pp424-435) – since this gives valuable qualitative insights. Explanations are in terms of molecular motions and collisions explored in earlier downloads.

(A&J F95-99 and Chapter 12)

Oxidation and reduction.

Early definitions of oxidation in terms of ‘addition of oxygen’ or the ‘removal of hydrogen’ eventually become more rationalised on the basis of electron transfer. Oxygen is a very powerful ‘electron acceptor’ and thus oxidation comes to be associated with the process of reducing the number of electrons within a species (or reducing the electron density). Reduction ALWAYS takes place at the same time – and thus we often talk about Redox reactions.

· Oxygen will combine with Fluorine to form F2O. In this case fluorine is the more electronegative atom and the result of the reaction is that the electron density on oxygen is reduced. In this case therefore, oxygen is acting as a reducing agent!)

· Although they always occur together it is often convenient to consider reactions taking place as two separate ‘half-reactions’.

· A galvanic cell is a device that ‘separates’ two redox half-reactions in such a way that the overall reaction can only take place with the electron transfer  proceeding via an external circuit. In this way the ‘free energy change’ of the reaction can be made available to do useful work within that circuit. 

· The EMF of a cell is related to the potential free energy change when the reaction occurs and hence to the equilibrium constant for the reaction. (A&J section 12.10)
· The maximum work can only be obtained from the system if it operates ‘reversibly’. In practice this would mean that the reaction would need to proceed infinitely slowly to ensure that both electrodes in the cell operated at equilibrium conditions. Under normal operating conditions the cell therefore operates at considerably less than 100% efficiency. (If the cell is short-circuited and the overall reaction allowed to reach equilibrium then the energy liberated in the cell is ΔH.)

· It is interesting to note that when a cell is operating the reaction at each electrode takes place at the electrode conventionally labelled with the opposite/wrong charge. E.g. in a Daniel Cell  copper ions are discharged at the copper electrode which is labelled ‘+’. (Similarly Zinc ions are formed at, and pass into solution from, the zinc electrode that is labelled ‘-‘.) You need to convince yourself of this before you can convince your students.

· The readiness with which elements form ions within an appropriate galvanic cell system is the basis for measuring ‘electrode potentials’ and for arranging elements in an ‘electrochemical series’. (Initially this was/is done by observing which elements will displace other elements from solutions of their salts.)

Acids, bases and neutralisation. (A&J chapter 11)
· Initially acids and alkalis are recognised in aqueous solution by their action on ‘indicators’. Arrhenius (1884) suggested that acids are compounds that dissolve in/react with water to form a solution containing hydrogen ions. And a base/alkali forms hydroxide ions. The problem here is that it allows for acids and alkalis to exist only in aqueous systems. The idea was generalised by Brønstead in 1928 who defined an acid as a proton donor and a base as a proton acceptor. Under this idea, in an aqueous system water itself acts as both acid and base – indeed the active role of the solvent within the system is emphasised. (This system restricts acid/base behaviour to substances containing hydrogen – and an even more general definition was suggested by Lewis in which acids are electron pair acceptors and bases electron pair donors. Note we are getting close to relating acid/base behaviour to redox reactions.)

· Strong and weak acids. (Note this difference is bases on the degree of ionisation in aqueous solution – it is often confused with ‘concentration’.) Strong acids are completely dissociated into ions when in dilute aqueous solution. Weak acids are only partially ionised. (Although since the proportion of molecules that ionise increases as the solution becomes more dilute they actually ‘become stronger as the solution becomes more dilute’. At infinite dilution all acids are equally ‘strong’.) It is only appropriate to apply the Law of Mass Action to solutions of weak acids and bases – equilibrium constants are meaningless for strong acids/bases that are highly dissociated even in fairly concentrated solutions. (see Taber’s work on misconceptions in the references below – there is a splendid question sheet for students to help them distinguish between weak/strong and dilute/concentrated.)
· pH, indicators, titrations and buffer solutions (A&J Chapter 10)
Stability of hydrates, carbonates (and nitrates).

The solid hydrates of ionic salts in a closed container at a constant temperature come to equilibrium with water vapour in the space above the solid in an exactly analogous way that solids and liquids exert their SVP. (Some substances have more than one hydrate – CuSO4 for example has 3 – i.e. CuSO4.H2O; CuSO4.3H2O and CuSO4.5H2O. It is the pentahydrate that is the stable form when exposed to the air under normal conditions.

Each hydrate has its characteristic equilibrium water vapour pressure at each temperature and, as expected, the pressure increases as the temperature rises – in a similar way to the curves shown in Figure 1 above. Under normal circumstances air contains a significant amount of water vapour and this affects the outcome when hydrated crystals are exposed to it’

· If the equilibrium pressure of water for the hydrate is greater than the partial pressure of water in the air then the crystals will tend to lose water. They are said to ‘effloresce’.

· If the equilibrium pressure of water for the hydrate is less than the partial pressure of water in the air then the crystals will tend to gain water from the air. Moreover if the saturated solution of the crystals in water also has a SVP less than that of the water in the air then the crystals will continue to absorb water until they are completely dissolved. They are said to ‘deliquesce’.

· It is tempting to explain the stability of hydrates that do not normally change when exposed to the air as being due to the fact that their equilibrium pressure of water is the same as the partial pressure of water in the air. However the amount of water in the air varies with humidity and the equilibrium water pressure for the hydrate changes with temperature so this cannot explain stability across a range of conditions. For stability the partial pressure of water in the air must be equal to or greater than that of the stable hydrate but less than that of the saturated solution.

Solid carbonates are also in equilibrium with a certain partial pressure of carbon dioxide in a closed contained at a particular temperature. This equilibrium pressure

e.g.          CaCO3(s)    (  CaO (s)  +  CO2(g)                                  Kp = pco2
(=Kp) increases as the temperature rises. (as in Fig 1). Until the equilibrium pressure exceeds the normal partial pressure of carbon dioxide in the air a solid carbonate will remain stable when exposed to the air. Above that, say when the carbonate is heated in a test tube, carbon dioxide will be slowly lost by diffusion to the atmosphere. If the temperature rises sufficiently, so that the equilibrium pressure of carbon dioxide equals or exceeds atmospheric pressure then the carbon dioxide becomes capable of ‘pushing the air out of the tube’ and decomposition proceeds quickly.

The stability of hydroxides, carbonates and nitrates towards thermal decomposition tends to decrease as the intensity of the charge on the cation increases (i.e. as the size of the charge increases or the radius of cation decreases.) These clearly follow the pattern of the Periodic Table.

Some industrial processes.

1. Manufacture of quicklime – equation as in previous section. Air is blown through the kiln to remove most of the carbon dioxide and to prevent the reverse process when cooled. (A&J p 430)
2. Haber Process (A&J p 433) (Greenwood and Earnshaw pp482-4) – developed in 1913 still used to produce almost all the ammonia manufactured worldwide (over 1011kg per annum.)

3. The contact process for manufacture of sulphuric acid. (Greenwood and Earnshaw pp837-44)

4. Extraction of metals (by reduction of oxides with carbon) Ellingham diagrams (Greenwood and Earnshaw pp326-8)
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