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PART 2  
CHEMICAL EQUILIBRIUM

I. REACTION RATES AT EQUILIBRIUM STATE. EQUILIBRIUM CONSTANT

Chemical equilibrium is a state, in which the direct and the reverse reactions occur at the same rate and, hence, the concentrations of reacting compounds don’t change any more. As any reaction rate is proportional to the concentrations of all the initial compounds of that reaction, for a general reaction like 
aA + bB [image: image1.wmf] cC + dD           (2.1)

(where A,B,C,.D are compounds, a, b, c, d - coefficients)

one can express the rate of direct reaction as 
 v=> = k=> [A]a [B]b
(where k is the reaction rate constant, that shows the reaction rate, when [A]=[B]= 1 mol/l) and the rate of reverse reaction as 
 V<= = k<= [C]c [D]d 
(compounds C and D are initial compounds for the reverse reaction) 
If we look, how the reaction rates change in time for both the direct and the reverse 
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Fig.2.1.Rates of direct and reverse reaction in time

a - without catalyst,  b - at presence of catalyst

reactions, fig.2.1a, we see that the rate of direct reaction at the initial moment of time (t=0) is maximal, as the concentrations of initial compounds A and B are maximal. [A] and [B] are decreasing in time, as the reaction goes on and compounds A and B are used, hence the rate of direct reaction v=> is decreasing in time, too. The rate of the reverse reaction v = 0 at the initial moment, as concentrations of reaction products C and D are 0 at the initial moment.. With the direct reaction going on the reaction products - compounds C and D are formed therefore their concentrations are growing and v<= grows, too. At the moment, when v=> and v<= become equal, the equilibrium state is reached - the concentrations don’t change any more. As the left sides of the reaction rate equations are equal, the right sides are equal, too: 
 k=>[A]a [B]b = k<= [C]c [D]d 
If we rewrite the equation, so that the constants only are on the left side of it, we get: 
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(2.2)
A symbol K (capital letter) is assigned to the ratio k=> / k<= and it is called the equilibrium constant. The expression (2.2) means, that the ratio between concentrations of final products and initial compounds remains constant at equilibrium state. 
II. LE CHATELIER’S THEOREM. 
INFLUENCE OF DIFFERENT FACTORS ON THE EQULIBRIUM STATE 
II.1. INFLUENCE OF COMPOUND CONCENTRATIONS 
Expression (2.2) mathematically expresses the Le Chatelier’s theorem, which states: 
If the conditions are changed in a system, that is in its equilibrium state, the equilibrium will be shifted so, that the change of conditions will be diminished. 
Looking at (2.2) one can easily see, that, for instance, if compound D is added to the system, the upper part of the equation becomes too large and the ratio is not any more constant. To conserve the ratio constant, the equilibrium is now shifted to the left ( towards reverse reaction), so that the nominator of the equation (2.2) becomes greater and the upper part smaller. Changes of the concentrations will continue, until the initial concentration ratio is reached. To see, how the equilibrium is shifted in real cases, let us consider the dissociation equilibrium of a weak acid: 
CH3COOH  [image: image3.wmf] CH3COO- + H+
Let us consider, how will the equilibrium be shifted, if 3 different substances are added to the system: 
1) if CH3COONa is added,

the concentration of CH3COO- ions grows (CH3COONa as a salt is completely dissociated in the solution), therefore the equilibrium is shifted towards the reverse reaction; 
2) if HCl is added,

the concentration of H+ ions will grow (as HCl is a strong acid and is completely dissociated in the solution), therefore equilibrium will be shifted towards the reverse reaction; 
3) if NaOH is added,

the OH- ions from NaOH will react with H+ ions, forming water. The [H+] will drop down and the equilibrium will be shifted towards the direct reaction. 
II.2.INFLUENCE OF TEMPERATURE 
Besides the concentrations of compounds, changes of temperature and pressure affect equilibrium, too. 
The influence of temperature on the chemical equilibrium is such that increase of the temperature shifts equilibrium towards the endothermic reaction. (If the direct reaction is, for instance, endothermic, reverse one is exothermal and vice versa.) 
In the equilibrium 
2SO2 + O2  [image: image4.wmf] 2SO3 ; ∆H < 0 
the direct reaction is exothermal, therefore increase of temperature will shift the equilibrium towards reverse reaction to use the heat, that is supplied from outside and cancel in such a way the change of conditions.

II.3.INFLUENCE OF PRESSURE 
The influence of pressure on equilibrium is observed only, if number of moles of gaseous compounds is changed. So there is no influence of pressure on equilibriums like dissociation of acetic acid. 
Increase of pressure draws the equilibrium towards that direction, in which the number of moles of gaseous compounds decrease. 
In the reaction of sulfur dioxide with oxygen, that occurs in gaseous state, 3 moles of gases react and 2 moles of gas are formed. 
This means, that, if the reaction is carried out in a closed vessel, pressure drops down in direct reaction and grows in reverse reaction. Therefore, if we increase the pressure, equilibrium will be shifted towards direct reaction, because in this direction reaction itself can cells the outer change of conditions. 
II.4.INFLUENCE OF CATALYST

Catalyst doesn’t affect the equilibrium state. The only result of catalysis is, that the equilibrium state is reached in a shorter time, because the catalyst increases both the rate of direct and reverse reactions, see fig.2.1.b. 
III.DIFFERENT EXPRESSIONS OF EQUILIBRIUM CONSTANT 
Equilibrium constants for reaction (1) can be expressed in 3 different ways: 
1. Equation (2.2) is the expression of equilibrium constant using concentrations, and usually is noted as Kc.

2. For reactions of gases pressures are frequently used instead of concentrations and another form of equilibrium constant for reaction (2.1), if all compounds A, B, C and D were gases, looks like 
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Third possibility of expression is, when activities of compounds are used instead of concentrations:


 EMBED "Equation" "Word Object4" \* mergeformat  


 Activity or active concentration is the overall concentration of a compound, multiplied by the activity coefficient γ of the compound where 
0 < γ < 1. 
If compounds are present in great enough concentrations, they behave, as if their concentration was lower, than it actually is. It is easy to understand this on example of ionic reactions. If, for instance, we have a solution of NaCl, every Na+ ion is surrounded by Cl- ions and vice versa.

If a Na+ ion starts moving somewhere (and it cannot be involved in any reaction, if it doesn’t move), the surrounding "atmosphere" of Cl- ions with its negative charge attracts the sodium ion electrically and slowers its motion, therefore the active concentration of sodium ions a becomes lower than the overall concentration: 
aNa+ = γ [Na+] 
where 
activity coefficient γ is between 0 and 1.

It is easy to understand, that the grater is the overall concentration, the lower becomes activity coefficient. 
The numerical values of Kc, Kp and Ka for the same reaction are different. 
Kp can be calculated from Kc, using: 
Kp = Kc (RT)∆n



where ∆n is the change of the number of moles of gaseous compounds 
Kacan be found from Kc,, inserting the activity coefficients of all compounds. 
IV. CALCULATION OF EQUILIBRIUM CONSTANTS FROM THERMODYNAMIC VALUES 
Next two equations connect equilibrium constants with change of free energy in the reaction: 
∆F = -RT ln Kc


(2.3a)
∆G = -RT ln Kp


(2.3b)
where ∆F and ∆G are changes of Helmholtz and Gibbs energy in conditions, when concentrations of all reactants are 1 mol/l. Thus, knowing the ∆G or ∆F it is possible to calculate equilibrium constants. Let us re-write (2.3b) to express Kp through ∆G : 
Kp = e-∆G/RT
To understand the following material it is necessary to know, that: 
-if  ∆G of reaction has a great negative value, then direct reaction is spontaneous (as products of reaction have much lower free energy than initial compounds and as decrease of free energy is the driving force of reactions). 
-if ∆G has a great positive value, the direct reaction is forbidden - free energy cannot spontaneously grow. In this case the reverse reaction occurs spontaneously. 
In  equilibrium reactions ∆G has small values and, what is more important, the minimum of G lies between the initial compounds and products, therefore spontaneous reaction can occur from both sides. Thus, if the initial compounds are taken, the direct reaction begins, if reaction products are taken - the reverse reastion begins and the reactions occur until a certain equilibrium ratio between the concentrations of initial compounds and products is reached. 
Now, using equation (2.4), let us consider, at what ratio between products and initial compounds will the equilibrium be reached, if ∆G is positive, 0 and negative, see also fig.2.2. 
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Fig.2.2. The amounts of reaction products and initial compounds in equilibrium state at different ∆G
a - if ∆G<0,  b - if ∆G=0,  c - if ∆G>0.

1) if ∆G < 0, one can see from (2.4), that the number e (basis of the natural log) is taken into a positive power (notice the "minus" sign before ∆G). When taking a number into a positive power, great number is obtained, therefore the value of equilibrium constant at ∆G < 0 is great K >> 1. 
This means (see equation .(2.2b)), that the equilibrium will be reached, when product pressures (concentrations) are much greater, than pressures of initial compounds and the minimum of G in fig.2.2,a. will be found at changes over 50%. 
2) if ∆G = 0, e is taken into zero power, therefore K = 1. This means, that at equilibrium state the ratio between the concentrations (pressures) of products and initial compounds is 1 : 1 and the minimum of free energy in fig.2.2,b. lies at 50% change. 
3) if ∆G > 0, e is taken into negative power. As e-x = 1/ex , the result must be a small positive number, i.e. the value of equilibrium constant in this case is inside the interval  0 < K << 1 . Thus, the ratio between the concentrations (pressures) of products and initial compounds at equilibrium state is very much towards the initial compounds and the minimum of curve at fig.2.2,c. lies at changes below 50%.

V. EQUILIBRIUM IN HETEROGENEOUS REACTIONS 
A reaction is heterogeneous, if reactants in different phases (solid, liquid and gaseous) are present at the same time. 
The most important heterogeneous equilibria are between a solid and a gas or between a solid and a liquid. 
Solid substances react, using their surface and not volume, therefore concentration of a solid substance has no meaning. 
At the equilibrium state solid has a constant surface, its activity is also constant. For this reason the  concentrations of solids are replaced by 1 in the equilibrium constant equations (or one can say, that the activity of a solid surface is included in the value of equilibrium constant). For instance, for a reaction 
NH4Cl (solid) [image: image6.wmf] NH3 (gas) + HCl (gas)

equilibrium constant looks like: 
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In another example of a heterogeneous reaction:

Fe2O3(solid) + 3CO(gas)  [image: image7.wmf]  2Fe(solid) + 3CO2(gas)

the equilibrium constant loks like:
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VI. EQUILIBRIUM
BETWEEN A WEAKLY SOLUBLE SALT AND SOLUTIon 
This is one of the most common heterogeneous equilibriums. Here “weakly soluble” salt means as salt, that is usually characterized in chemical tables as insoluble. Actually, absolutely insoluble salts don’t exist. For any salt, when it is in contact with solution, an equilibrium is reached between a solid salt and its ions in solution. Insoluble are practically called the salts, for which the equilibrium is reached at miserable concentrations of ions.

For a salt AmBn (A -cation, B -anion, m and n - indexes in the formula), the equilibrium of dissolution looks like 
AmBn (solid) [image: image8.wmf] m A+ + n B- 
and the equilibrium constant can be expressed as:

K = [ A+]m [B-]n
This equilibrium constant is called the solubility product of the salt.

Solubility product can be used for:

1) calculation of ion concentrations, when weekly soluble salt is in contact with pure water. 

Example 1. If CuS is in contact with water, the equilibrium is: 
CuS  [image: image9.wmf]  Cu2+ + S2-
and the solubility product is :

Ksp,CuS = [Cu2+] [S2-] 
If it is necessary to calculate concentration of Cu2+ ions, we can use the fact, that [Cu2+] = [S2-] and replace [S2-] by [Cu2+] in the previous equation, therefore::

Ksp,CuS = [Cu2+] [Cu2+] = [Cu2+]2
Thus, the concentration of Cu ions can be found as:
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Example 2. If precipitate of Ag2SO4 is in contact with water, the dissolution-precipitation equilibrium can be written as:

Ag2SO4 [image: image10.wmf] 2Ag+ + 


and the solobility product expression looks like:

Ksp,Ag2SO4 = [Ag+]2[

]

One has to notice, that two silver ions appear in the solution together with one sulfate ion, therefore:

[Ag+] = 2[

]

In order to calculate the equilibrium concentration of sulfate ions, one has to replace the concentration of silver ions by doubled concentration of sulfate ions in the equation of Ksp, therefore:

Ksp,Ag2SO4 = (2[

])2[

] = 4[

]3

and the concentration of sulfate ions can be found as:
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The concentration of silver ions can then be found as doubled concentration of sulfate ions.

2) Usage of Ksp  for finding of one ions' concentration in a solution where the other ion of the weakly soluble compound is already present

For example, the weakly soluble hydroxide Fe(OH)3 is in contact with a solution of NaOH . The dissolution - precipitation equilibrium of Fe(OH)3 is:

Fe(OH)3 [image: image11.wmf] Fe3+ + 3OH-

and the equation of solubility product is written as:
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The hydroxide ions in ths case appear in the solution practically only from NaOH, because at presence of it the dissolution equilibrium of Fe(OH)3 is completely shifted to the left. For this reason
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 and 
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Thus, if the concentration of NaOH is known, the concentration of iron ions in the solution can be found as:
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