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The Equilibrium Constant


For the reaction aA + bB (cC + dD, the equilibrium constant, K, is
K =  EQ \f([C]c[D]d,[A]a[B]b)  

By definition, a reaction is favored whenever K > 1


In evaluating the equilibrium constant


1)
The concentration of solutes should be expressed as moles per liter


2)
The concentration of gases should be expressed in atmospheres

3)
The concentrations of pure solids, pure liquids and solvents are omitted because they are unity
Manipulating Equilibrium Constants


Consider the reaction




HA  (  H+ + A–

K1 =  EQ \f([H+][A–],[HA]) 

If the direction of the reaction is reversed, the new value of K is simply the reciprocal of the original value of K



H+ + A–  (  HA

K1' =  EQ \f([HA],[H+][A–])  =  EQ \f(1,K1) 

If two reactions are added, the new value of K is the product of the two individual values:




HA  (  H+ + A–

K1



H+ + C  (  CH+

K2

HA + H+ + C  (  H+ + A– + CH+
K3



K3 = (K1)(K2) =  EQ \B( \f([H+][A–],[HA]))  •  EQ \B(\f([CH+],[H+][C]))  =  EQ \f([CH+][A–],[HA][C]) 
Solubility Product


The solubility product is the equilibrium constant for the reaction in which a solid salt dissolves, to give its constituent ions in solution.  The concentration of the solid is omitted from the equilibrium constant because the solid is in its standard state. Molar solubility, also known as solubility product (!), is the number of moles dissolved , or M dissolved.

Ionic compounds are typically soluble in aqueous solution.  Ionic compounds consisting of group I metals are generally considered to be completely soluble (and do not have Ksp values; e.g. NaCl).  Other ionic compounds are not completely soluble in water and the degree to which they dissolve in water is determined by their Ksp value.

Example       -(

Write out the equilibrium expressions for the dissolution of the following salts in water: a) copper (I) chloride b) calcium hydroxide c) silver phosphate

a)
CuCl (s)  (  Cu+ + Cl–


K =  EQ \f([Cu+][Cl–],[CuCl]) 


Ksp = [Cu+][Cl–]


b)
Ca(OH)2 (s)  (  Ca2+ + 2OH–


K =  EQ \f([Ca2+][OH–]2,[Ca(OH)2]) 


Ksp = [Ca2+][OH–]2

c)
Ag3PO4 (s)  (  3Ag+ + PO43–


K =  EQ \f([Ag+]3[PO43–],[Ag3PO4]) 


Ksp = [Ag+]3[PO43–]

Example (

For the reaction below, Ksp = 6.9 x 10–18


Cu(OH)1.5(SO4)0.25 (s)  (  Cu2+ + 3/2 OH– + 1/4 SO42–

What will be the concentration of Cu2+ in a solution saturated with Cu(OH)1.5(SO4)0.25 ?



Ksp = [Cu2+][OH–]1.5[SO4]0.25 = 6.9 x 10–18 

	
	Cu(OH)1.5(SO4)0.25 (s)
	(
	Cu2+
	+
	3/2 OH–
	+
	1/4 SO42–

	initial
	0
	
	0
	
	0
	
	0

	final
	0
	
	x
	
	1.5x
	
	0.25x




(x)(1.5x)1.5(.25x)0.25 = 6.9 x 10–18


x = 5.2 x 10–7 M

Example

How many grams of Ba(IO3)2 can be dissolved in 500 mL of water at 25°C? 


Ksp Ba(IO3)2 = 1.57 x 10–9
	
	Ba(IO3)2 (s)
	(
	Ba2+
	+
	2IO3–

	initial
	0
	
	0
	
	0

	final
	0
	
	x
	
	2x




[Ba2+][IO3–]2 = Ksp


(x)(2x)2 = 1.57 x 10–9


x = 7.32 x 10–4 M



 EQ \f(7.32 x 10–4 mol Ba(IO3)2,L)  x 0.500 L x  EQ \f(487 g Ba(IO3)2,mol Ba(IO3)2)  = 0.178 g

The Common Ion Effect


A salt is less soluble if one of its ions is already present in solution.


Why?  Apply Le Châtelier's principle to the reaction:  Ba(IO3)2 (s)  ( Ba2+ + 2IO3–

If Ba2+ or IO3– are already in solution, the equilibrium must be shifted to the left

Example (

Calculate the molar solubility of Ba(IO3)2 in a solution that is 0.0200 M Ba(NO3)2.

	
	Ba(IO3)2 (s)
	(
	Ba2+
	+
	2IO3–

	initial
	0
	
	0.0200
	
	0

	Final
	0
	
	0.0200+ x
	
	2x




[Ba2+][IO3–]2 = Ksp


(0.0200+ x)(2x)2 = 1.57 x 10–9


To avoid solving a cubic equation, we will try to simplify this calculation.  We will assume that x << 0.0200 (we must remember to check this assumption at the end)



(0.0200)4x2 = 1.57 x 10–9


x = 1.40 x 10–4 M


(check the assumption: 1.40 x 10–4 M << 2.00 x 10–2 M)


Note that the presence of a common ion has lowered the solubility of Ba(IO3)2 


7.32 x 10–4 M in H2O to 1.40 x 10–4 M in 0.0200 M Ba(NO3)2
Example (

Calculate the solubility of Ba(IO3)2 in the solution that results when 200 mL of 0.0100 M Ba(NO3)2 are mixed with 100 mL of 0.100 M NaIO3.

First we must determine whether either reactant will be present in excess at equilibrium



mmol Ba2+ = (200 mL)(0.0100 M) = 2 mmol



mmol IO3– = (100 mL)(0.100 M) = 10 mmol


The relationship between Ba2+ and IO3– is given by the mole ratio  EQ \f(2 mol IO3–,1 mol Ba2+) 

so 2 mmol Ba2+ x  EQ \f(2 mol IO3–,1 mol Ba2+)  = 4 mmol IO3– consumed in reaction


Thus 10 mmol initial – 4 mmol consumed = 6 mmol IO3– excess or



 EQ \f(6 mmol IO3–,(100 mL + 200 mL))  = 0.0200 M IO3– 


Now we can work the problem as usual

	
	Ba(IO3)2 (s)
	(
	Ba2+
	+
	2IO3–

	initial
	0
	
	0
	
	0.0200

	final
	0
	
	x
	
	0.0200+ 2x




[Ba2+][IO3–]2 = Ksp


(x)(0.0200+ 2x)2 = 1.57 x 10–9


Again, assume that 2x << 0.0200 (we must remember to check this assumption at the end)



(0.0200)2 x = 1.57 x 10–9


x = 3.92 x 10–6 M


(check the assumption: (2)(3.92 x 10–6 M) << 2.00 x 10–2 M)


As before, solubility decreases in the presence of a common ion.


