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Unit 1: Inorganic and Physical Chemistry

Unit 1b
Section 1: Chemical Equilibrium
Introduction

Many reactions never go to completion but are in a state of equilibrium, with reactants and products always present. A chemical reaction is said to be in equilibrium when the composition of the reactants and products remains constant over time. In other words, at equilibrium the concentration of the reactants and products remains constant. For an equilibrium to be established the reaction must take place in a closed system. A closed system is one that allows energy to be transferred to or from the surroundings but not the reactants or products. Reactants and products are trapped in the reaction vessel and reactant molecules form the products and product molecules react to reform the starting materials. The concept of a closed system can be illustrated using the following examples.

Ethanoic acid is a weak acid and shows little tendency to dissociate: 

[image: image1.jpg]



CH3COOH(aq)

CH3COO–(aq) + H+(aq)  

All the species are in solution and cannot ‘escape’, therefore this is a closed system. On the other hand, sodium carbonate reacts with dilute acid to give a salt, water and carbon dioxide, which escapes from solution and therefore this is not a closed system and equilibrium is never established. The reaction goes to completion:
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Na2CO3(aq) + 2HCl(aq)      2NaCl(aq) + H2O(l) + CO2(g)

If this reaction was to be carried out in a sealed container (do not attempt this in the laboratory) then equilibrium would be established since no carbon dioxide could escape:

[image: image41.png]


Na2CO3(aq) + 2HCl(aq)         2NaCl(aq) + H2O(l) + CO2(g) 

When a system is in equilibrium and the concentration of reactants and products is constant, the forward reaction (reactants to products) and the reverse reaction (products to reactants) do not stop. At equilibrium the rate of the forward reaction is equal to the rate of the reverse reaction. This means that there is no overall change in the composition of the reaction mixture when equilibrium has been established.

The equilibrium constant

Every equilibrium is described by an equilibrium constant (K), which is normally measured in terms of the concentrations of the species at equilibrium but can, in the case of gaseous reactions, be measured in terms of pressure (more strictly by the partial pressures of the gases involved).

The same equilibrium position is always reached whether starting with the reactants or with the products at a given temperature. This means that K is independent of concentrations or pressures of the species in the equilibrium. For the general reaction:
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aA + bB        cC + dD

K is given by the equation:



[image: image2.wmf][

]

[

]

[

]

[

]

b

a

d

c

K

B

A

D

C

=


where [ ] indicates the equilibrium concentration of the species present and these concentrations are raised to the power of the number of moles of the species in the balanced equation. Equilibrium can be described as homogeneous, i.e. all the species are in one state, or heterogeneous, i.e. the species are in more than one state. 

Units

Equilibrium constants have no units, they are dimensionless.  The reasons for this are beyond the Advanced Higher syllabus and in fact many textbooks show no units but do not explain the reasons why.  A very brief and simplistic explanation is given below.

Equilibrium constants should be calculated using activity (relative concentration) not actual concentration. Simply, the concentration terms in the equilibrium constant equation shown above should be relative concentrations, i.e. a concentration C with respect to a standard concentration Co. As both C and Co have the same units, the units cancel out and the value obtained, the activity, has no units. Thus, using these values to calculate K means that K is dimensionless.

Pure solids and solvents

When a pure solid is present in an equilibrium reaction or a liquid is used as a solvent the concentration, at a given temperature, does not vary to a measurable extent and it is given the concentration value of 1 in the equilibrium equation. (This again comes from using activity and not concentration.)

The effect of changing concentration 

The effect of a change of concentration of one of the species in an equilibrium can be demonstrated using the following experiments.

(1)
Dilute ethanoic acid has a pH of 3.0. When a spatula of solid sodium ethanoate is dissolved in the acid the pH rises to 3.5. This process is repeated four times and the results show that with each addition of sodium ethanoate the pH gradually increases:
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CH3COOH(aq)

CH3COO–(aq) + H+(aq)


CH3COONa(s)      

CH3COO–(aq) + Na+(aq)


As the pH increases on the addition of CH3COO–(aq), the concentration of H+ must be falling. In other words, H+(aq) ions are reacting with the


increased concentration of CH3COO–(aq) ions to produce more CH3COOH(aq) compared to the forward reaction. This happens because the rate of the reverse reaction increases because of the increased concentration of CH3COO–(aq). This continues until the rates of the


forward and reverse reactions are again equal and equilibrium is re-established. The position of the equilibrium has moved to the left, but the value of K remains constant.


Overall, the increase in the concentration of CH3COO–(aq) is compensated for by an increase in the concentration of CH3COOH(aq) molecules and a decrease in the concentration of H+(aq) ions (therefore a rise in pH), thus keeping the value of K the same:
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(2)
Dilute ammonia solution has a pH of 10.0. When a spatula of solid ammonium chloride is dissolved in the acid the pH falls to 9.5. This process is repeated four times and the results show that with each addition of ammonium chloride the pH decreases: 


NH3(aq) + H2O(l)         
NH4+(aq) + OH–(aq)


NH4Cl(s)                
NH4+(aq) + Cl–(aq)


In this case the concentration of OH–(aq) falls because of its reaction with the increased concentration of NH4+(aq) ions to produce NH3(aq) and H2O(l). As before, this change occurs because the rate of the reverse reaction, compared to the forward reaction, increases because of the increased concentration of NH4+(aq). This continues until the rates of the forward and reverse reactions are again equal and equilibrium is re-established. The position of the equilibrium has moved to the left, but the value of K remains the same.


Overall the increase in the concentration of NH4+(aq) is compensated for by a decrease in the concentration of the OH–(aq) ion (therefore a fall in pH) and an increase in the concentration of NH3(aq) and H2O(l) molecules, thus keeping the value of K the same:
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(3)
When dilute hydrochloric acid is added to a yellow solution of sodium chromate the solution turns orange:


2CrO42–(aq) + 2H+(aq)

Cr2O72–(aq) + H2O(l)

yellow




orange


The added H+(aq) ions increase the rate of the forward reaction compared to the reverse reaction. This continues until the rates of the forward and reverse reactions are the same and equilibrium is re-established. The position of the equilibrium has moved to the right.


Overall the increase in the concentration of H+(aq) is compensated for by a decrease in the concentration of CrO42–(aq) ions and an increase in the concentration of Cr2O72–(aq) ions and H2O(l) molecules, thus keeping the value of K the same:
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These three experiments show that changes in the concentration of one of the species in a reaction at equilibrium will bring about a shift in the equilibrium position to maintain the value of K as a constant (at constant temperature).

This fact is stated formally in Le Chatelier’s principle, which states that ‘when a reaction at equilibrium is subjected to change, the composition alters in such a way as to minimise the effects of the change’.

The effect of changing temperature 

The effect of a temperature change on a reaction in equilibrium can be demonstrated in the laboratory using the following example:


N2O4 (g)


2NO2 (g)
∆H =  +ve


yellow


brown

The reaction of concentrated nitric acid with copper turnings produces a mixture of N2O4 and NO2. Three boiling tubes filled to an equal colour intensity with this gas mixture are collected at room temperature. One is placed in ice water (~0°C) and one in hot water (~80°C) while the third is kept, as a control, at room temperature (Figure 1). The three tubes are left for about five minutes and the colour intensities are then compared.

Figure 1
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From the colour changes that have taken place, it is evident that the relative concentrations of N2O4 and NO2 have been changed by a change in temperature. This means that the actual value of K has changed.  Equilibria are therefore temperature dependent. In fact most equilibrium constants are quoted at a specific temperature.

The reaction:



N2O4(g)         2NO2(g)

∆H =  +ve

is endothermic for the forward reaction and exothermic for the reverse. The equilibrium constant is:
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The colour change from 20°C to 0°C shows that more N2O4 is formed at 0°C and therefore [N2O4] increases and [NO2] decreases. This leads to a fall in the value of K.

Similarly, the colour change from 20°C to 80°C shows that more NO2 is formed at 80°C and therefore [NO2] increases and [N2O4] decreases. This leads to a rise in the value of K. These observations can be related to the ∆H value and are summarised in the following way.

For endothermic reactions a rise in temperature causes an increase in K while for exothermic reactions a rise in temperature causes a decrease in K. 
The effect of a catalyst

The effect of a catalyst on an equilibrium at constant temperature is best looked at in terms of a potential energy diagram (Figure 2).

Figure 2
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The catalyst lowers the activation energy of both the forward and reverse reactions by the same amount and there is no change in the equilibrium concentrations. The position of the equilibrium is therefore unaltered and the value of K at a specific temperature remains unchanged.

All a catalyst does is to speed up the rate at which equilibrium is established.

Le Chatelier’s principle holds for all chemical systems in equilibrium. Thus an increase or decrease in the total pressure requires a shift in equilibrium concentrations to keep the value of K constant at constant temperature.

Equilibrium constants are therefore independent of the concentration and pressure of the species in a given reaction at a given temperature.
K and the position of the equilibrium

The value of K gives an indication of how far the equilibrium lies to one side of a reaction or the other. 

It is important to note that the value of K gives no indication about the rate at which the state of dynamic equilibrium is established.  Also, a catalyst does not increase the percentage conversion of reactants into products, it only speeds up the rate of attainment of equilibrium.

Table 1 illustrates how the value of K gives an indication of the position of the equilibrium.
Table 1
	System
	Value of K
	Position of Equilibrium

	Ag+(aq) + 2NH3(aq)        [Ag(NH3)2]+(aq)

	1.7 x 107 

at 25 °C
	Because K»1, the equilibrium lies to the right

	CH3COOH(aq)      CH3COO-(aq)+H+(aq)

	1.8 x 10-5 
at 25 °C
	Because K«1, the equilibrium lies to the left

	N2O4(g)         2NO2(g)

	0.87 

at 55 °C 

	Because K ≈1, the equilibrium lies to neither the left nor the right


Equilibria involving ions

Acid/base equilibria

Historically acids were defined as producing hydrogen ions in solution and bases as producing hydroxide ions in solution. These two ions combine in the neutralisation equation:


H+(aq) + OH–(aq) 

H2O(l)

As research continued throughout the nineteenth and early twentieth centuries, the definitions had to be refined. For example, pure hydrogen chloride is a gas that contains no H+ ions and ammonia has no OH– ions but can neutralise an acid. It was also discovered that the H+ ion could not exist in aqueous solution. The H+ ion is so small (10–3 pm compared to other cations at 102 pm) that the electric field it creates is huge and in water it attracts a lone pair of electrons to form H3O+, which is called the hydronium ion (or the oxonium ion or the hydroxonium ion):


H+(aq) + H2O(l) 

H3O+(aq)

The shorthand H+(aq) is always used in stoichiometric and equilibrium equations, although this is not strictly accurate. 

In 1923 the new discoveries led two chemists, Brønsted and Lowry, to define acids and bases in a different way:

An acid is any substance capable of donating a proton.

A base is any substance capable of accepting a proton.
When an acid donates a proton the species left is called the conjugate base of that acid. When a base accepts a proton the species formed is called the conjugate acid of that base. 

Table 2 gives examples of these relationships.

Table 2
acid   + 
 base            
    conjugate 
+  conjugate 




       base

acid

HCl
+
H2O
       Cl–
+
H3O+
CH3COOH
+
H2O
       CH3COO–
+
H3O+
H2O
+
NH3
       OH–
+
NH4+
H2O
+
CH3COO–
       OH–
+
CH3COOH

Table 2 also illustrates the amphoteric nature of water since it can act both as a proton acceptor and a proton donor.

The dissociation of water

In Brønsted–Lowry terms the ionisation of water is represented by:


H2O(l)
+    H2O(l)

H3O+(aq)
+
OH–(aq)


acid
      base

conjugate acid
conjugate base

The equilibrium constant is 
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Since water is a liquid, [H2O] = 1 (see page 3), giving:


K = [H3O+][OH–]

This particular equilibrium constant is known as the ionic product (Kw) for water and has the value of 1.0 x 10–14 at 25°C.

The water equilibrium is more usually written as:


H2O(l) 

H+(aq) + OH–(aq)




Kw = [H+][OH–] 

In pure water, for every molecule which ionises, one H+ and one OH– ion are produced, hence the [H+] in mol l–1 must equal the [OH–] in mol l–1, i.e. the number of H+ and OH– ions in water are equal.

Substitution of [OH–] by [H+] in the above equilibrium expression gives:



[H+]2
=
10–14 mol2 l–2
taking square roots [H+]
=
10–7 mol l–1


also [OH–]
=
10–7 mol l–1
Note also that [H2O] in pure water = 
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mol l–1 (neglecting the slight ionisation) = 55.5 mol l –1, therefore the ratio of hydrogen ions to water molecules, in water is:
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On average there is one H+ ion and one OH– ion for every 555 million H2O molecules!

Kw is always quoted as 1.0 x 10–14 at 25°C since the value varies with temperature:


H2O(l)

H+(aq) + OH–(aq)
∆H +ve

As the reaction is endothermic, an increase in temperature moves the equilibrium to the right and a decrease moves it to the left. 

Table 3 shows the values of Kw at different temperatures.

Table 3
	Temperature (°C)
	Kw (x10-14)

	18
	0.6

	25
	1.0

	40
	2.9

	75
	16.9


The pH scale
From the Higher course it will be remembered that the pH of an aqueous solution is a measure of the concentration of hydrogen ions in the solution. In fact the pH of any aqueous solution can be calculated using the expression:   


pH = –log10[H3O+] 
or 
pH = –log10[H+] 

The following examples illustrate its use: 

pure water 
 [H+] = 10–7


pH = 7


1.0 mol l–1 HCl [H+] = 1.0 (100)
 
pH = 0

0.2 mol l–1 HCl [H+] = 0.2 (2 x 10–1) 








pH  = –log 2 – log (10–1) 







      = –0.3 + 1.0 = 0.7

0.01 mol l–1 NaOH [OH–] = 10–2, [H+] = 10–12, pH = 12

0.5  mol l–1 NaOH [H+] = 2 x 10–14 
 






pH  = –log 2 – log(10–14) 







      = –0.3 + 14 = 13.7

For calculations involving strong acids and alkalis it can be assumed that they are 100% dissociated and that the small number of hydrogen ions supplied by the water can be ignored.


Question


Calculate the pH of the following solutions:


(a)
0.35 mol l–1 HNO3




(b)
0.14 mol l–1 H2SO4 (assume fully ionised)


(c)
0.78 mol l–1 NaOH

The dissociation of acids

A strong acid is fully ionised, i.e. a high concentration of hydrogen ions in aqueous solution. Examples of strong acids are: hydrochloric, sulfuric and nitric acids.

A weak acid, therefore, is only partially ionised in aqueous solution; so the hydrogen ions are in equilibrium with the acid molecules. The equilibrium usually lies very much towards the molecule side, so there are few hydrogen ions in solution. Examples of weak acids are the carboxylic acids, such as ethanoic acid.

The dissociation of any acid, HA, in aqueous solution can be represented by the equation:


HA(aq)
+ H2O(l)

H3O+(aq)
+  A–(aq)


acid
   base

conjugate
   conjugate







  acid

     base

The dissociation constant of acid HA from the above equation is:
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and is a measure of the strength of the acid.

The [H2O] has been omitted as it is the solvent and taken to be 1 (see page 3).

In strong acids the above equilibrium lies to the right with effectively complete dissociation so that Ka has no meaning. However, some acids do not dissociate well (less than 5%) in aqueous solution and these are called weak acids.

Conveniently, nearly all acids fall into one of these two categories. Within the weak acids, the value of Ka gives a measure of how weak (or how dissociated) the acid is: the smaller the value of Ka, the weaker the acid.

Calculation of pH of a weak monobasic acid
Using the dissociation constant from the previous page, the pH of a weak monobasic acid can be calculated.
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Taking logs of both sides:


Log10 Ka
= log10 [H3O+]2 – log[HA]




= 2log10 [H3O+] – log[HA]

but –log10 [H3O+]
= pH, and assigning –log10 Ka as  pKa we get:


–pKa

= –2pH – log10 [HA]


  pKa

=   2pH + log10 [HA]

For a weak acid HA of concentration c mol l–1, [HA] at equilibrium will be approximately equal to the original concentration c mol l–1, so:


pKa
=  2pH + log10 c


which can be rearranged to give the expression:


pH
=  ½pKa – ½log10 c
This equation is only valid for weak acids in which the concentration of HA at equilibrium is almost the same as the original concentration.

The weaker the acid is, the more closely the calculated pH will approach the actual pH of the solution.  The stronger the acid, the more inaccurate the calculated pH will be.
Questions

1.
Calculate the pH of a 0.2 mol l–1 solution of ethanoic acid if Ka = 1.7 x 10–5.

2.
0.02 mol l–1 benzoic acid C6H5COOH, a monobasic acid, was found to have a pH of 2.94. Calculate the Ka of this weak acid.

The dissociation of bases

Strong bases are completely dissociated in aqueous solution, e.g. NaOH; and weak bases are only partially dissociated, e.g. NH4OH.

The dissociation of any base B in aqueous solution can be represented by the equation:


B(aq) + H2O(l)

BH+(aq) + OH–(aq)


base      acid

conjugate  conjugate 






  acid
          base

in which a hydrogen ion is transferred from water to the base.

For simplicity, the dissociation constant of B is defined by the dissociation constant Ka of the conjugate acid, BH+:


BH+(aq) + H2O(l)

H3O+(aq) + B(aq)

which has a dissociation constant:





Ka= [H3O+][B]





[BH+]
Once again [H2O] is 1 as it is the solvent (see page 3).

Ammonia can be used as a specific example to illustrate this.


NH3(aq) + H2O(l)

NH4+(aq) + OH–(aq)

NH4+(aq) + H2O(l)
H3O+(aq) + NH3(aq)
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It seems odd to calculate Ka for a base when it would seem more appropriate to calculate the dissociation constant for the first equilibrium to give an expression for Kb:
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Ka and Kb are related:
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hence
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This means that the Ka value of the conjugate acid gives information about the strength of the base. As the value of Ka increases, the base gets weaker, 

e.g. methylamine, 2.3 x 10–11; ammonia, Ka = 5.6 x 10–10; phenylamine (aniline), Ka = 2.6 x 10–5.

Indicators

Indicators are used to determine the end-point in an acid–alkali titration. A suitable indicator must be chosen for any given reaction. Indicators are dyes whose colours are sensitive to pH. An indicator is usually a weak acid that dissociates as shown:



HIn(aq) + H2O(l)

H3O+(aq) + In–(aq)

The unionised form of the indicator (HIn) has a different colour from its conjugate base (In–). The equilibrium constant (KIn) for the above equation is:
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Rearranging this expression gives:
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This shows that the relative concentrations of the two coloured forms is a function of the H3O+ concentration, i.e. the pH of the solution. It follows therefore that the colour of the indicator in any given solution depends on the relative concentrations of the two coloured forms, which in turn is determined by the pH. The theoretical point at which the colour change occurs is when [HIn] = [In–] and therefore KIn = [H3O+]. In other words, the colour change occurs when pKIn = pH. In practice the colour change cannot be seen when [HIn] = [In–] and it is only distinguishable when [HIn] and [In–] differ by a factor of 10.

The pH range over which a colour change can be seen is therefore established using the expression:


pH = pKIn ± 1
(log 10 = 1)

The appropriate indicator for any titration must be chosen such that the colour change occurs over the pH range when the pH is changing very rapidly. This means that the indicator must change colour during the addition of, say, half a drop of reagent. The indicator for a reaction can therefore be chosen by reference to titration curves, which are drawn from data obtained by measuring the pH of an acid continuously against the volume of alkali added during and after neutralisation (Figures 3 -6).

Consider the titration of a strong acid with a strong alkali (Figure 3), e.g. the addition of 0.01 mol l–1 NaOH solution to 50 cm3 of 0.01 mol l–1 HCl. The pH of the original acid solution will be 2 ([H+] = 10–2 mol l–1). When 49 cm3 of NaOH solution has been added there will be only 1 cm3 of the original 0.01 mol l–1 HCl left un-neutralised. This amount is now in an overall volume of 50 + 49 cm3 ~ 100 cm3, i.e. the solution is now 0.0001 mol l–1 with respect to H+(aq), thus [H+] = 10–4 mol l–1 and pH = 4.

Figure 3
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On adding 49.9 cm3 alkali, only 0.1 cm3 of acid will remain in ~100 cm3 solution and therefore [H+] = 10–5 mol l–1 and pH = 5. When 49.99 cm3 alkali has been added the pH of the solution is 6 and at 50 cm3 the pH rises to 7 and neutralisation is complete. 

Note the rapid rise in pH as the end-point of the titration is approached. Thereafter the alkali added has nothing to react with and the pH continues to rise to a final value of 12. 

The titration curves in Figures 4 and 5 show the pH changes that occur on titrating weak and strong alkalis (50 cm3) with equimolar solutions of strong and weak acids (50 cm3) respectively.

Figure 4





Figure 5

It can be seen from Figures 3, 4 and 5 that there is a region of rapid pH change around the end-point. For an indicator to be suitable, its pH range must fall within this region. From Figure 3 it can be seen that for a strong acid and strong alkali a suitable indicator can have a colour change within the pH range 3–10. From Figure 4 an indicator for a strong acid and weak alkali would change somewhere in the range 3–7. Similarly, from Figure 5, for a weak acid and strong alkali, a suitable indicator must change colour within the pH range 7–10. 

It is not possible to select any suitable indicator for a weak acid/weak alkali combination (Figure 6), since the pH does not change rapidly enough at the end-point, i.e. the titration curve does not have an almost vertical section like the others. 

Figure 6
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Table 4 shows some common indicators, their pH range and colours.

Table 4
	Name of Indicator
	pH of colour change
	Colour (HIn)
	Colour (In)

	Methyl orange
	3.0-4.4
	Orange
	Yellow

	Methyl red
	4.2-6.3
	Red
	Yellow

	Bromothymol blue
	6.0-7.6
	Yellow
	Blue

	Phenolphthalein
	8.0-9.8
	Colourless
	Red


Question

From Table 4 above, calculate the pKa and Ka for the four indicators. 

Buffer solutions

A buffer solution is one in which the pH of the solution remains approximately constant when small amounts of acid or base are added or the solution is diluted with water. 

An acidic buffer consists of a solution of a weak acid and one of its salts with a strong alkali. A basic buffer consists of a solution of a weak base and one of its salts with a strong acid.

Both types of buffer solution work in the same way.

In an acid buffer solution, the weak acid supplies more hydrogen ions when the existing ones are removed by a base being added, while the salt of the weak acid provides the conjugate base to react with the hydrogen ions when small amounts of acid are added.

In a basic buffer solution, the weak base reacts with the hydrogen ions when acid is added and the salt provides the conjugate acid, which dissociates to replace the hydrogen ions when these are removed by addition of small amounts of base. 

In consequence, the pH hardly changes in both cases.

This principle is illustrated by an acid buffer of weak acid HA and the sodium salt of that acid NaA. In solution the following occurs:


HA(aq) + H2O(l)
 H3O+(aq) + A–(aq) 
equilibrium

and
 NaA(aq)

 Na+(aq) + A–(aq)
fully ionised

NaA is fully ionised in solution and therefore the [A–] is very large, forcing the equilibrium to the left.

Addition of small volumes of H+ does not alter the pH greatly since an increase in [H+] favours the reverse reaction (HA formation) to maintain Ka. Since [A–] is high compared to [H+] in the original buffer solution, its ability to remove H+ ions is substantial (but not infinite) and the pH of the solution is maintained.

In the same way, addition of OH– does not alter the pH greatly since the OH– ions combine with the H+ of the weak acid until Kw is attained. Removal of H+ means that more HA ionises, giving H+ + A– until equilibrium is re-established, and the pH of the solution is maintained:
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where [HA] is the concentration of the acid as it is a weak acid and [A–] is the concentration of the salt as it is fully ionised and very little comes from the acid dissociating. Therefore:
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If the buffer solution has water added to it, i.e. it is diluted, both [acid] and [salt] are equally affected and therefore [H3O+] and the pH remain unaltered.

An efficient buffer must have a reasonable reserve of HA and A– as the H+ from HA removes added OH– and the A– removes added H+, therefore since:
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if [acid] = [salt] the buffer will have the same ability to resist addition of H+ and OH–. 

Similar reasoning can be used to show how a basic buffer solution operates. 

The pH of an acid buffer solution can be calculated by conversion of the above equation:



[image: image27.wmf][

]

[

]

[

]

salt

acid

O

H

3

a

K

=

+


to
pH = 
[image: image28.wmf][

]

[

]

salt

acid

log

p

a

-

K


Questions

1.
Calculate the pH of the buffer solution made from 


1.0 mol l–1 methanoic acid and 1.78 mol l–1 sodium methanoate solution. The pKa of methanoic acid is 3.8.

2.
Calculate the pH of the buffer solution made from 

0.1 mol l–1 solution of ethanoic acid and potassium ethanoate. The pKa of ethanoic acid is 4.8.

The composition of an acid buffer solution can be calculated from the same equation as long as the required pH and the pKa of the acid are known, e.g. to make an acidic buffer of pH 5.0, using propanoic acid pKa 4.9.
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The buffer is therefore made by mixing 1.26 moles of sodium propanoate with 1.0 mole of propanoic acid per litre of solution required.

Question

Calculate the concentrations of acid and salt solutions required to make:

(a)
a buffer of pH 6.0 from carbonic acid and sodium hydrogen carbonate (pKa of carbonic acid is 6.4)

(b)
a buffer of pH 3.1 from chloroethanoic acid and its potassium salt (pKa of chloroethanoic acid is 2.9).

Buffer solutions are important in biological systems, especially those where enzymes work within narrow pH ranges, e.g. blood is a buffered solution of pH around 7.4 (CO2/bicarbonate equilibrium is maintained by respiration and excretion of bicarbonate into the urine).

The sea is also a buffer because it contains significant concentrations of carbonate and hydrogencarbonate ions. These act as a buffer, maintaining the pH of the sea within certain limits, and this allows marine life to exist:


H2CO3

 H+ + HCO3–
  2H+ + CO32–
Phosphate solutions can act as buffers because the second and third dissociations of phosphoric acid are weak: 


H3PO4

H+ + H2PO4

H2PO4–

H+ + HPO42–

HPO42–

H+ + PO43–
Another useful buffer in the laboratory is potassium hydrogenphthalate, which is a weak acid and its salt all in one molecule:
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Section 2: Reaction Feasibility
Enthalpy

Thermochemistry is the study of the changes in heat energy that occur during a chemical reaction. Energy is required to break bonds and is also released when bonds are formed. When a chemical reaction takes place these two processes occur and there is often an exchange of heat energy between the reaction and its surroundings. This is called the enthalpy change (∆H). Every substance has an enthalpy (a chemical potential energy or heat content) that cannot be measured. Only when substances react can the enthalpy change be noted. In order that chemists worldwide can compare notes on thermochemical experiments, a series of special conditions have been agreed. Some of these are outlined in the following paragraphs.

Enthalpy changes are defined as the measured heat energy changes occurring during a reaction, usually per mole of product formed or reactant used up, depending on the particular enthalpy change being defined. The units are in kilojoules per mole, kJ mol–1.

The standard enthalpy change is defined as the enthalpy change measured under standard conditions. Standard conditions are one mole of a substance at one atmosphere pressure and any specified temperature (in Kelvin). The symbol used is ∆HºT. The temperature specified is usually 
298 K (25ºC) and ∆Hº is taken to mean ∆Hº298.

The standard enthalpy of formation (∆Hºf) of a compound is the enthalpy change when one mole of a compound is formed from its elements in their standard states. The standard enthalpy of formation of a substance can be calculated from standard enthalpy changes which are experimentally determined. The standard enthalpy of formation of elements is by definition zero, giving a base line from which enthalpy changes can be measured.

The standard state of a substance is the most stable state of that substance under standard conditions. 
The enthalpy change for any reaction is defined as the sum of the enthalpy of the products minus the sum of the enthalpy of the reactants:

∆H = Σenthalpy of products – Σenthalpy of reactants


(Σ= the sum of)
This means that exothermic reactions have a negative ∆H value as energy is lost to the surroundings, while endothermic processes have a positive ∆H value as energy is taken in by the reaction from the surroundings.

The standard enthalpy change for any reaction can be calculated from the standard enthalpies of formation of the substances in the reaction using the equation:
∆H° = Σ∆H°f (products) - Σ∆H°f (reactants)
Example 1
Calculate the standard enthalpy of reaction for the decomposition of copper(II) nitrate from the given standard enthalpies of formation.

Step 1: Write the equation with ∆Hºf values beneath each substance: 

Cu(NO3)2(s)  
 CuO(s) + 2NO2(g) + ½O2(g)

∆Hºf /kJ mol–1
–307
        –155

+34
        0

Step 2: Multiply each ∆Hºf value by its mole relationship:


Cu(NO3)2(s)

CuO(s) + 2NO2(g) + ½O2(g)



–307


 –155
      +68
        0

Step 3: Use the equation 


∆Hº = Σ∆Hºf products – Σ∆Hºf reactants:


∆Hº
= Σ∆Hºf prod – Σ∆Hºf reactants




= –155 + 68 – (–307)



= –87 + 307



= + 220


∆Hº for the reaction = +220 kJ mol–1
Chemical reactions can be used to provide energy to do work. In the engine of a car (petrol or diesel) and in a rocket engine, chemicals are burned and their energy is converted into work. One basic fact of thermodynamics is that the conversion of energy into work is never 100% efficient and the work energy derived from a chemical reaction is always less than the heat energy (∆H) that is used. A small part of the heat change is never converted into work and is referred to as ‘unavailable’ energy.  It is therefore possible to write the equation:


∆H = work energy  + ‘unavailable’ energy

In thermodynamic terms this is changed into:


∆H = free energy + entropy energy

These two terms are explained in the following sections.

Entropy

In nature there is a tendency towards disorder. A brick wall changes into a disordered heap of bricks either with age or the demolition squad, but the reverse process does not take place spontaneously, i.e. without outside help. More widely, an untended garden, diffusion, corrosion and the dispersion of sewage into the sea are all examples of systems naturally tending towards disorder. In thermodynamic terms disorder is called entropy. The degree of disorder in a system is called the entropy of that system. The greater the disorder, the greater the entropy. The molecular motion of any substance depends on its state. Solids only have vibrational motion while gases have vibration, rotation and translational motion. It therefore follows that entropy increases as temperature increases and that changes in state, such as melting and evaporation, involve large changes in entropy. When a state change occurs there is a change in entropy without a change in temperature and this is linked to the concept of latent heat. This is shown in Figure 7, which relates to no specific substance. 
Figure 7
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At absolute zero (0 K) a crystal lattice has perfect order and therefore zero entropy. This is one version of the third law of thermodynamics. As the solid is heated it gains more kinetic energy and the entropy increases slowly. There is a rapid increase in entropy at the melting point and boiling point, with a greater increase at the boiling point than at the melting point.  In other words, the entropy of a system is temperature dependent.

The second law of thermodynamics states that the total entropy of a reaction system and its surroundings always increases for a spontaneous process. A spontaneous process is a process that is thermodynamically possible and this means that it can take place on its own irrespective of how long this requires.

It should now become clearer why spontaneous endothermic processes take place. Consider the following endothermic reactions: 

CoCl2.6H2O(s) + 6SOCl2(l)

 CoCl2(s) + 12HCl(g) + 6SO2(g)
Ba(OH)2.8H2O(s) + 2NH4CNS(s)
   Ba(CNS)2(aq) + 2NH3(g) + 8H2O(l)

(NH4)2CO3(s) + 2C2H5COOH(l)

2NH4+C2H5COO–(aq) +  H2O(l)+ CO2(g)

It is clear that the entropy of the system increases just by looking at the changes in state from reactants to products. 

The entropy increase is so large that it more than counter balances the unfavourable enthalpy changes and the reactions are spontaneous. We can see that the second law requires that both system and surroundings be taken into account. Heat energy released by a reaction into the surroundings increases the entropy of the surroundings while heat absorbed by a reaction system from the surroundings decreases the entropy of the surroundings. The change in entropy of the surroundings that occurs as a result of such a reaction can be calculated from the temperature and entropy change during the reaction. Some examples are given in Table 5.

Table 5
	Process
	Entropy Change

	
	System
	Surroundings
	Overall

	Mixing/expansion
	Increase
	No change
	Increase

	Crystallisation
	Decrease
	Increase
	Increase

	Polymerisation
	Decrease
	Increase
	Increase

	Evolution of life
	Decrease
	Increase
	Increase

	Combustion of fuels
	Increase
	Increase
	Increase


The standard entropy of a substance is the entropy for that substance in its standard state and is given the symbol S° (standard conditions are one mole of a substance at one atmosphere pressure and any specified temperature in Kelvin). These values can be used to calculate the standard entropy change for a reaction given that:


∆S° = ΣS° products – ΣS° reactants

The unit of entropy change is joules per Kelvin (J K–1) or joules per Kelvin per mole (J K–1 mol–1).

Free energy

We have now established that, in a thermodynamically feasible endothermic reaction, there is a favourable entropy change inside the reaction mixture. An endothermic reaction can only take place if its entropy change is sufficiently favourable to ‘overcome’ the unfavourable enthalpy change. How can these two factors be balanced against each other? 

Entropy changes are expressed in joules per Kelvin per mole whereas enthalpy changes are expressed in kilojoules per mole. To convert the entropy into energy units per mole, it has to be multiplied by the absolute temperature. Thus, T∆S has units of joules per mole and can be combined with ∆H, allowing for the use of joules and kilojoules. In fact, the combination must involve a subtraction. A negative enthalpy change is favourable, whereas a positive entropy change is favourable. Thus, a combination of enthalpy and entropy gives the expression:


∆H – T∆S or T∆S – ∆H
It is a matter of choice and history that decided that the former expression is the one that is used to describe the energy available to do work.

The combination of enthalpy and entropy changes is known as the free energy change and is given the symbol ∆G:


∆G = ∆H – T∆S
The sign of the free energy change obtained can be used to predict the possibility of the reaction proceeding. This can be summarised by saying that a negative value for the change in free energy shows that the reaction is likely to happen spontaneously. On the other hand, a positive value for ∆G shows that the reaction is unlikely to happen unless external energy is available to do work on the system (e.g. the reaction is heated). 

If the values for the enthalpy and entropy changes are known for a reaction, it is possible to calculate the value of the free energy change at any temperature.

If the measurements are all made under standard conditions, then:


∆G° = ∆H° – T∆S°

Although a negative ∆G or ∆G° value allows one to predict that the reaction is feasible, i.e. the reaction will go in the direction of the products, it does not imply anything about the rate of the reaction. The activation energy for the reaction has to be overcome for the reaction to occur and this could be very high and so the reaction could be very slow. For example, if hydrogen and oxygen gases are mixed, the standard free energy change for the formation of 1 mole of water at 298 K is about –237 kJ mol–1. However, virtually no 

reaction occurs until energy is supplied to overcome the activation energy or a suitable catalyst is added.

The standard free energy change for a reaction can be calculated from tabulated data of standard enthalpy and standard entropy changes for that reaction. 
In the same way as standard enthalpies of formation can be used to calculate the standard enthalpy change for a reaction, the standard free energy for a reaction can be calculated from the standard free energies of formation.





ΔGº = Σ ΔGºf (products) – Σ ΔGºf (reactants).
This is illustrated in the following example:
Example 2
Using the ∆G°f values given, we can calculate the standard free energy change for the reaction:  




2NO2

N2O4

∆G°f  2 x(+52)  
(+98)

At 298 K, ∆G° 
= +98 – (2 x 52)




 
= –6 kJ mol–1
It is important to appreciate the difference between ∆G° and ∆G, as the former refers to standard conditions. When discussing a reaction, ∆G° and ∆G have entirely different meanings.  ∆G° applies only to the initial and final states in the reaction, i.e. when reactants and products are under standard conditions. We can picture this by standing outside the reaction and observing the difference in free energy under standard conditions between pure reactants and pure products. From the value of ∆G°, we can predict whether the products or reactants will be favoured after equilibrium has been established. As soon as the reaction has started, standard conditions no longer apply and ∆G is needed rather than ∆G°.

Only when the free energy of the reactants has fallen (by the reactants being used up) to the same value as the products (i.e. ∆G = 0) do we reach equilibrium. This is considered in the following section.
Question

Using the data given below, calculate ∆G° at 298 K and 1 atmosphere pressure for the reaction:


H2(g) + ½O2(g)
    
      H2O(l)



∆H° (kJ mol–1)
S° (J K–1 mol–1)

H2(g)
  0
131


O2(g)
  0
205


H2O(l)
–286
70

Free energy and equilibrium 

At equilibrium, the free energy of the system has reached its minimum value under the given conditions. At this point, the free energy of the products formed is equal to the free energy of the reactants left. This can be pictured by considering the graphs in Figure 8 which show how the free energy varies with the composition of the reaction mixture.

Figure 8
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In any chemical system once the reaction has started G will be lower than G° since:

• 
there is a change from standard conditions

• 
there is an increased entropy due to the mixing of reactant and product.

The minimum point of the free energy curve corresponds to the position of equilibrium and at this point ∆G = 0.

When equilibrium is established, the concentrations of the various species will not be of unit molarity and therefore standard conditions are not applicable. When equilibrium is attained (and the time is not determined by thermodynamic considerations), the free energy of the reactants (at equilibrium) is equal to the free energy of the products (at equilibrium). This can be seen by considering the following illustration.

Suppose a mole of ethanoic acid is placed in water to give a litre of solution at 298 K. The following ionisation takes place:


CH3COOH(aq)

CH3COO–(aq) + H+(aq)

The standard free energy of dissociation ∆G° is 25 kJ mol–1.

This value shows that the standard free energy of the products (each at a concentration of 1 mole per litre) is much greater than that of the reactant (at 1 mole per litre). In other words, there is little reason for the reaction to move to form products and the position of equilibrium lies well to the left.

However, by ionising slightly the free energy of the system falls. At equilibrium, the free energy of the unionised ethanoic acid is the same as the combined free energy of the ions formed. Note that we cannot use standard free energy because at equilibrium there is no longer the standard concentration of 1 mole per litre. This means that, at equilibrium, ∆G = 0.

We can now provide an even clearer picture of the difference between ∆G° and ∆G. The value of ∆G° tells the observer (outside the reaction) whether the equilibrium position will favour reactants or products. When that equilibrium has been established, the ∆G value (inside the reaction) will be zero. Thus, at equilibrium, the free energy of reactants will be equal to the free energy of products and this is why there is no further change in the composition of the reaction with time.

When ∆G° = 0, neither products nor reactants are favoured. This is called the balance point, i.e. products and reactants are equally favoured. It is often possible to calculate the conditions at which the ∆G° value changes from being positive to being negative (which is when ∆G° = 0). This is done by considering only the standard free energies of the reactants and products. This can inform the observer about the conditions at which a reaction is just becoming feasible, i.e. when products are just slightly more favoured than reactants. Some examples follow which illustrate this situation:

Example 3
At what temperature does the Haber process become feasible?




       N2(g)
+  3H2(g)

2NH3(g)


∆H°f   0
      0


2 x –46.4


S°      191.6
    3 x 130.7
2 x 193.2


∆H° (reaction) = –92.8 kJ mol–1 = –92 800 J mol–1

∆S° (reaction) = –197.3 J K–1 mol–1
When products are favoured as much as reactants, ∆G° = 0.

Thus from the equation:



∆G° = ∆H° – T∆S°


T = ∆H°/∆S°
= –92 800/–197.3



= 470 K



= 197°C

This result can be interpreted as meaning that at 470 K, the reactants and products are equally favoured. By considering the sign of ∆S°, we can work out whether the reaction is feasible at a temperature higher or lower than 

470 K. Since ∆S° is negative, –T∆S° is positive. At low temperatures, ∆H° will dominate and ∆G° will be negative. Hence, the Haber process becomes feasible at temperatures below 470 K.

By calculating ∆G° at temperatures slightly above and below 470 K, it is possible to see that ∆G° is positive at temperatures above 470 K and negative at temperatures below 470 K. Therefore, ammonia production is feasible at temperatures below 470 K. Unfortunately, the industrial reaction cannot be carried out at such a low temperature as a suitable catalyst has not yet been found. It is interesting to note that leguminous plants can bring about this reaction. Current research is trying to identify the enzymes responsible to see if they could be used on an industrial scale.

Example 4
At what temperature does the decomposition of magnesium carbonate become feasible?

The reaction is:





MgCO3 


MgO 
+ 
CO2

∆H°f
          –1117.2


–604.1 
–394


S°
             65.9




 26.9

213.8


∆H° (reaction)
= +119.1 kJ mol–1





= +119100 J mol–1


∆S° (reaction)

= +174.8 J K–1 mol–1
When the reaction becomes feasible:


∆G°
= 0


T =
∆H°/∆S°

 
T =
119100/174.8 



= 681.35 K 



= 408°C

Therefore, at 408°C the decomposition becomes feasible and above this temperature decomposition is favoured. It must be stressed that these calculations depend on a knowledge of the standard enthalpies and standard entropies of reactants and products (obtained from data tables). The calculation does not depend in any way on the route taken by the reaction. The calculation does not say anything about either the reaction pathway or the reaction rate. Thermodynamics tells us only how far a reaction will proceed (given enough time), it can never tell us how fast a reaction will take place or by which route.

The fact that the standard free energy change is greater than zero does not mean that no reaction takes place. It means that the products are less favoured than the reactants. In industry, equilibrium is rarely allowed to occur. Removal of a product can make a reaction with an unfavourable equilibrium position move in the desired direction. 

Ellingham diagrams

In Example 4 the temperature at which ∆G° of a reaction is 0 was calculated, this being the temperature when the products just become favoured. This calculation assumes that enthalpy and entropy values do not alter with temperature. Consider the reduction of iron(III) oxide to iron using carbon:

2Fe2O3(s) + 3C(s)

4Fe(s) + 3CO2(g)

This reaction can be considered to be a combination of two reactions:


4Fe(s) + 3O2(g)


2Fe2O3(s)
reversed

and
3C(s) + 3O2(g)


3CO2(g)

If ∆H° and ∆S° are fairly constant over a range of temperatures, it is possible to calculate ∆G° for each reaction at a range of temperatures using ∆G° =∆H° – T∆S°. Once this is done, a graph of ∆G° against T for each reaction can be drawn. Rearranging the free energy equation to:


∆G° = –T∆S° + ∆H°

gives a recognisable straight line graph of the form y = mx + c, where the gradient is –∆S° and the intercept on the y-axis is ∆H°.

Both graphs can be combined on one set of axes if the values are adjusted to be per mole of oxygen used. This combined graph is called an Ellingham diagram (Figure 9).

Figure 9
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The Ellingham diagram provides much more information than the calculation of the temperature at which the reaction becomes feasible and gives a visual understanding of the nature of a reaction over a temperature range.

When using Ellingham diagrams the reaction that corresponds to the lower of the two lines will operate as written while the reaction corresponding to the upper line will be reversed at a given temperature. Combining the equations and taking this into account shows at which temperature, if any, a reaction becomes thermodynamically feasible. The point of intersection of the two lines represents the temperature at which the overall standard free energy change is zero. This is the point at which the products (iron and carbon dioxide) just become more favoured than the reactants (iron oxide and carbon). Above the temperature of intersection of the two graphs, the reduction of iron(III) oxide is thermodynamically feasible.

Ellingham diagrams can be used to plan the reaction conditions required for metal extraction from ores.  

Questions

1.
Calculate the temperature at which the decomposition of barium carbonate becomes feasible.


∆H°  = 268 kJ mol–1  

∆S°  = 168 J K–1 mol–1

Is decomposition more favourable above or below this temperature?

2.
The reaction of carbon with steam to produce carbon monoxide and hydrogen is endothermic 

(∆H° = 131 kJ mol–1).

The reaction is successful at 1500 K when 


∆G° = – 71.5 kJ mol–1

(a)
Calculate the entropy change for the above reaction at 1500 K.


(b)
Is the reaction feasible at 25°C?


(c)
At which temperature does the reaction just become feasible?

Section 3: Kinetics
Chemical kinetics is the study of the speed of chemical reactions. The speed or rate of a chemical reaction depends on factors such as temperature, concentration of the reactants, particle size and whether a catalyst is present or not. It is also known that all reactions have an activation energy and that an activated complex is formed. 

In this section, we are now concerned with the development of these ideas on a more quantitative basis, in which mathematical models are used to state precisely how the concentration of reactants influences the speed of a chemical reaction. We are also interested in how such information can be used to gain an insight into the pathway by which the reaction takes place.

It is customary when dealing with reaction rates to express the rate as a change in concentration of reactant or product in unit time. Expressed in this way, the rate is independent of the size of the sample under consideration. For example, in the decomposition of methanoic acid:


HCOOH 
 CO + H2O

we can determine the reaction rate by following either the decrease in concentration of the acid or the increase in carbon monoxide concentration with time (Figure 10).

Figure 10
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The average reaction rate is the change in concentration of either reactants or products divided by the elapsed time. For example, over the time interval t1 to t2:


average reaction rate = 
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average reaction rate = 
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(Note that the negative sign is used if we are dealing with reactant concentrations since their concentrations decrease with time.)

It should be clear from the graphs in Figure 10 that, as is the case with most reactions, the rate decreases as the reaction proceeds.

We need to make the elapsed time interval as short as possible, and in effect measure the instantaneous rate, i.e. as ∆t approaches zero.

We can write, for a very small time interval, dt, that the instantaneous rate is: 
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Thus, the rate, at any particular time t, is given by the gradient of the tangent to the curve at time t. This will have a maximum value at time t = 0 and it is therefore usual to determine initial rates of reaction and to use these values in the determination of other kinetic parameters.

Reaction rates and concentration

The qualitative dependence of reaction rate on concentration can be readily demonstrated using a large number of reactions, e.g. the iodine clock reaction, or by measuring the volume of hydrogen produced when magnesium reacts with different concentrations of dilute hydrochloric acid.

If we consider a very simple reaction:


A

 products

the rate of the forward reaction at any time depends on the concentration of A at that time and can be expressed as follows:


rate 
∝ [A]

rate = k[A] 


where k is the rate constant.
In more general terms, for a simple reaction: 


nA + mB 
 products


rate = k[A]n[B]m
This equation is the rate law.

The quantities n and m are termed the orders with respect to the reactants A and B respectively. The overall order of reaction is given as the sum of the powers of the concentration terms that occur in the rate equation, i.e. in the above example the overall order is n + m. In simple reactions, the rate law, sometimes called the rate equation, can take one of the forms shown in Table 6.

Table 6
	Rate Law
	Order of Reaction

	Rate ∝ [A]o
	0

	Rate ∝ [A]1
	1

	Rate ∝ [A]2
	2

	Rate ∝ [A]1[B]1
	2

	Rate ∝ [A]1[B]2
	3


These small integral values for the order of reaction are readily understandable if we realise that they refer to the actual number of particles involved in the single step of the reaction that controls the overall reaction rate, i.e. the rate-determining step. This is not necessarily the number of particles involved in the stoichiometric equation. For example, consider the reaction of hydrogen peroxide with hydrogen iodide:


H2O2 + 2HI

 H2O + I2
The experimentally observed rate law is:


rate ∝ [H2O2][HI] 

and consequently the order of reaction is two, whereas the balanced equation has three reactant molecules. The order of reaction is entirely an experimental quantity that is determined solely by finding the rate equation that best fits the experimental data. It cannot be deduced from an examination of the chemical equation for the reaction. 

Determining rate constants and orders of reaction

The rate constant of a reaction can be determined from a series of experiments in which the initial concentrations of the reactants are changed. The initial rate of each reaction is calculated and comparisons made. The following two examples illustrate this experimental rate method.

Example 5
Consider the following data for an imaginary reaction:


A + B + C 

 D

and calculate the rate constant for this reaction.
	Experiment
	[A]

(mol l–1)
	[B]

(mol l–1)
	[C]

(mol l–1)
	Initial Rate of D formed

(mol l-1 s-1)

	1
	1.0
	1.0
	1.0
	20

	2
	2.0
	1.0
	1.0
	40

	3
	1.0
	2.0
	1.0
	20

	4
	1.0
	1.0
	2.0
	80


From these results we can see that:

(a)
doubling [A] doubles the rate (compare 1 and 2)

(b)
doubling [B] has no effect on rate (compare 1 and 3)

(c)
doubling [C] increases the rate fourfold (compare 1 and 4).

Relating the effect of change in concentration of reactants to the rate of reaction, the experimental rate law becomes:


rate ∝ [A][B]0[C]2
or, more simply: rate ∝ [A][C]2
The reaction is first order with respect to A, second order with respect to C and zero order with respect to B. The overall order is (1 + 2 + 0) = 3.

The rate constant, k, for this reaction is obtained by substituting values from experiment 1 in the rate equation:


rate = k[A][C]2

20 = k[1.0][1.0]


k = 20 l2 mol–2 s–2
Identical values are obtained using any of the other three sets of results.

Example 6
Calculate the rate constant for the reaction between nitrogen monoxide and oxygen:


2NO + O2 

 NO2

Inspection of the data shows that:

(a)
doubling [O2] doubles the rate (compare 1 and 2)

(b)
doubling [NO] increases the rate fourfold (compare 1 and 3).

This is consistent with the rate equation:


rate = k[NO]2[O2]
(overall order = 3)

Substitution of the values from experiment 1 in this rate equation allows us to calculate k as follows:

1.4 x 10–10 mol l–1 s–1 


= k x (2.0 x 10–5 mol l –1)2 x (4.0 x 10–5 mol l–1)

hence k = 8.75 x 103 l2 mol–2 s–1.

Experiments 2 and 3 give the same value for k, confirming that the reaction is third order.
Kinetics and reaction mechanism

Chemical kinetics may be thought of as an example of the ‘bottle-neck principle’, which is frequently observed in everyday life. For instance, a large crowd of people leaving a football ground can only do so at a rate equal to the number who can squeeze through the exit in unit time. It makes no difference whether they run or walk to or from the exit.

Similarly, if a chemical reaction proceeds in a series of sequential stages, the overall rate of reaction will be determined by the slowest step, which we call the rate-determining step. The kinetic parameters, which are determined experimentally, refer to this rate-determining step. By reversing the argument, experimentally determined rate equations and orders of reaction can give information about the way in which the reaction occurs. The following three reactions illustrate this. 

1.
H2O2 + 2HI 

 2H2O + I2
Experimentally the rate equation is of the form:


rate = k[H2O2][HI]

This tells us that the rate must be controlled by a step in which one molecule of hydrogen peroxide reacts with one molecule of hydrogen iodide. We can suggest that:


H2O2 + HI 

 X (slow rate-determining step)


X + HI 

products (faster step)

where X is an intermediate formed in the reaction.

However, the kinetics themselves give us no direct information about either the nature of X or about the total number of steps involved. These must be deduced by other means, such as spectroscopy. The generally accepted mechanism for this reaction is:


H2O2 + HI 

H2O + HOI
(slow step)


HOI + HI 
 
H2O + I2
(faster)

where HOI is an intermediate formed with a transient lifetime.

2.
Hydrolysis of halogenoalkanes (see Unit 2)

(a)
A primary halogenoalkane


CH3CH2Br + OH– 

 CH3CH2OH + Br–

rate = k[CH3CH2Br][OH–]

From the rate equation we can deduce that both of the reactants are involved in the rate-determining step. How this takes place is shown in Figure 11. It can be seen that in the slow rate-determining step (in fact the only step in the reaction) the hydroxide ion displaces the bromide ion by attack at the ‘back’ of the molecule in an SN2 process (see Organic Chemistry Unit).

Figure 11
[image: image39.png]RN

slow (
+OH- —% [HO----C----- Br|

CH. H

3

CH,CH,0OH + Br




(b) 
A tertiary halogenoalkane


(CH3)3CBr + OH– 

 (CH3)3COH + Br–
The observed rate law depends only on the concentration of the halogenoalkane:


rate = k[(CH3)3CBr]

The rate-determining step does not, in this case, involve the hydroxide ion. The mechanism can be written as follows:


(CH3)3CBr 
 X+ + Br–
(slow step)


X+ + OH– 
 (CH3)3COH
(faster)

The reaction is a two-step (or, more accurately, more than one-step) process, involving some intermediate (X+), which by other means we can determine to be the carbocation (CH3)3C+.

It has to be emphasised that, on the basis of kinetics alone, we cannot establish the exact mechanism of a reaction. We can only propose a possible mechanism that is consistent with the kinetics.
Questions

1.
Bromide ions and bromate ions react in acid solution to give bromine according to the equation:


6H+ + 5Br– + BrO3– 

 3Br2 + 3H2O


Rate measurements on four different reaction mixtures gave the following data.



(a)
What is the rate expression for the reaction?


(b)
What is the order of the reaction with respect to each of the reactants?


(c)
What is the overall order of the reaction?


(d)
Explain why the rate equation and the overall equation are different.

2.
2N2O5 

 4NO2 + O2


The reaction rates for the above reaction at various starting concentrations are given in the table.


(a)
Draw a graph of the rate against [N2O5].


(b)
Calculate the value of the rate constant.
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