CHM 212
Chemical Equilibrium (Chpt. 6)

Chemical analysis can be performed in either the kinetic or equilibrium regime
Often limited to the equilibrium regime where multiple analysis is possible

For the chemical reaction shown below


aA + bB ( cC + dD
· the reaction has not stopped

· the reaction can lie more towards one direction than the other

We write the equilibrium constant (K or Keq) in the form
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The square bracket contents represent the equilibrium concentrations while the superscripts represent the stoichiometric coefficients

More correctly, the quantities in the thermodynamic equilibrium constant K above are expressed as the ratio of each species concentration relative to its concentration in the standard state
· the standard state for solutes is 1M, for gases the standard state is 1 atm pressure, for solids and liquids the standard state is the pure liquid or solid

When evaluating the equilibrium constant

· concentration of solutes should be expressed as moles per liter

· concentration of gases should be expressed as the partitial pressure in bars
· concentrations of pure solids, pure liquids and solvents are omitted  because they are unity

· equilibrium constants are dimensionless

· equilibrium constants are temperature dependent

By definition a reaction is favored when K > 1

Types of Equilibrium Constants Encountered
We will encounter several different types of equilibrium constants this semester:
(1) Water protolysis/dissociation (Kw)


2H2O ( H3O+ + OH-

Kw = [H3O+][OH-]


- recall, pure liquids and solvents (H2O) are omitted from K

(2) Solubility product (Ksp) – sparingly soluble substance in equilibrium with its ions in a saturated solution


BaSO4(s) ( Ba2+ + SO42-
Ksp = [Ba2+][SO42-]

· recall, solids are omitted from K

(3) Dissociation of weak acid (Ka) or base (Kb)


(a) CH3COOH + H2O ( H3O+ + CH3COO-
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(b) NH3 + H2O ( NH4+ + OH-
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(4) Formation of a complex ion ((n)


Ni2+ + 4CN- ( Ni(CN)42-
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(5) Oxidation/reduction reactions (Kredox)

Here, one species is reduced (Mn: +7 ( +2) while another is oxidized (Fe: +2 ( +3)
         (Mn = +7)


MnO4- + 5Fe2+ + 8H+ ( Mn2+ + 5Fe3+ + 4H2O
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(6) Distribution (Kd)

Here, a species is distributed between two immiscible solvents (e.g. extraction)

I2(aq) ( I2(org)
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Manipulating Equilibrium Constants

Consider the reaction


HA ( H+ + A-
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If the reaction is reversed, the new value of K is simply the reciprocal of K1, i.e. 1/K1
The reverse of the above equation:

H+ + A-  (  HA
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Sometimes two or more reactions are added

· the new K is the product of each individual K value
Consider the following reactions (1) and (2) combined to give (3)


(1) HA
      (  H+ + A-

K1


(2) H+  +  C  (  CH+


K2



(3) HA +  C  (  A- + CH+

K3


 K3 = K1K2
EXAMPLE: Given Kw and Kb for NH3,


H2O (  H+  + OH-



Kw = 1.0 x 10-14

NH3(aq)  + H2O (  NH4+  + OH- 
Kb = 1.8 x 10-5
find K for the following reaction


NH4+ ( NH3(aq) + H+


K = ?
Solubility Product (Ksp):
The solubility product is the equilibrium constant for a reaction that involves the dissolution of a salt into its constituent ions in a saturated solution

· usually sparingly soluble salts, so very little actually “dissolves”

· solids are omitted from K expressions because they are in the standard state

· Ksp values are found in tables
Consider the following:


Ba(IO3)2(s)  (  Ba2+(aq)  +  2IO3-(aq)
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Recall, solids are omitted from K because its concentration is constant, so


Ksp = [Ba2+][IO3-]2 = 1.57 x 10-9 

Using Ksp:
EXAMPLE: How many grams of Ba(IO3)2 (487g/mol) can be dissolved in 500 mL of water at 250C?


Ba(IO3)2(s)  (  Ba2+(aq)  +  2IO3-(aq)
[ ]initial
 solid


  0

     0
[ ]change
 solid


+x
           +2x
[ ]equilibrium
 solid


  x

    2x


Molar solubilities:


[Ba2+] = x
 

[IO3-] = 2[Ba2+] = 2x
Recall Ksp = [Ba2+][IO3-]2
use the x-values from above to rep [ ]

Ksp = (x)(2x)2

Ksp = 4x3 = 1.57 x 10-9 now solve for x the molar solubility
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Mass of Ba(IO3)2 dissolved in 500 mL of solution:
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Common Ion Effect on Solubility:
Predicted from Le Châtelier’s principle

· LCP: if stress is applied to a system at equilibrium, the equilibrium is shifted in a direction to relieve the stress
Common ion effect: the solubility of a salt is reduced if one of its constituent ions is already present in, or is added to the solution

EXAMPLE: Calculate the molar solubility of Ba(IO3)2 in a solution that is 0.0200M in Ba(NO3)2.  
Set up the problem as above, but now we have a different [Ba2]

We start with 0.0200M [Ba2+] from the Ba(NO3)2


Ba(IO3)2(s)  (  Ba2+(aq)  +  2IO3-(aq)

[ ]initial
 solid


 0.0200
     0

[ ]change
 solid


+x
           +2x
[ ]equilibrium
 solid


 0.020+x
    2x

[Ba2+] = 0.0200 + x ≈ 0.0200M (we saw x = 7.32x10-4 above)

[IO3-] = 2x 
substitute these values into Ksp expression again

Ksp = [Ba2+][IO3-]2

Ksp = (0.020)(2x)2 

Ksp = 0.08x2 = 1.57 x 10-9 solve for x
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As predicted by common ion effect the solubility has decreased when an ion (Ba2+) is already present in solution

Acid-Base Equilibrium:
When a weak acid or base is dissolved in water, partial dissociation occurs

· the extent of dissociation is dictated by the equilibrium constant Ka (acid) or Kb (base)

Consider the generic weak acid (HA) and its conjugate base (A-)


HA  + H2O  (  H3O+  + A-
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A-  +  H2O  (  HA  +  OH-
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If we multiply the two expressions above, we get
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Recall, Kw = [H3O+][OH-]



Kw = KaKb
Therefore if you have the Ka for a weak acid (HA), you can easily find Kb for the conjugate base (A-) and vice versa from the above expression

Ka = Kw/Kb

Kb = Kw/Ka
Solving Acid-Base Equilibria:
Calculate the [H+] (same as [H3O+]) and the pH of a solution that is 0.01M acetic acid (HAc).  The Ka for this acid is 1.75 x 10-5 (Appendix 3 – SWHC)

Consider the dissociation of the weak acid HAc (in water)



HAc   (   H+  +  Ac-

[ ]i

0.01

  0
     0


[ ]c

    - x

+x
  +x
[ ]e

0.01 – x
  x          x
We know that 
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Substitute in the equilibrium values and solve for x = [H+] with this [H+] you can now calculate the pH of the solution
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Simplifying Assumption: assume that x in the denominator is much smaller than the analytical concentration, i.e.  x << 0.01
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Check assumption: 4.18x10-4 << 0.01, so assumption valid
Ans: [H+] = 4.18 x 10-4, pH = -log(4.18x10-4) = 3.38

Easy way to calculate [H+]:

[H+] = 
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CHA is the analytical concentration of HA

This equation is valid when x << CHA
Rule of thumb: valid when there is at least two orders of magnitude difference between Ka and CHA.

When x is not much smaller than CHA you cannot ignore x in the denominator as above and you will wind up with a quadratic equation for which you will solve for the positive value
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Example: Solve for the H+ (H3O+) concentration in a solution that is 2.0 x 10-4 M aniline hydrochloride (weak acid HA). The Ka is 2.51 x 10-5.

N.B.: only one order of magnitude difference between Ka and CHA



- solve the quadratic

Can solve for x, i.e. [H+] by successive approximation (iterations)
· write the quadratic in the form ax2 + bx + c = 0

· rearrange to solve for x: 
For the above problem we use the quadratic derived:
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(1) First assume the x under the square root sign is equal to 0 and solve for x (x1)

(2) With this value of x you plug it into the expression for x under the square root sign and solve for a new value of x (x2)

(3) With this value of x you plug it into the expression for x under the square root sign and solve for a new value of x (x3)…

(4) Continue doing this until the values of x converge (i.e. no further change in the value or until there is no more than 5% difference between the last value and the one before

Equilibria for weak base (B):
The equilibria for weak base dissociation in water is analogous to that for acid written above, the calculations and rules are the same as above, except now you are solving for the [OH-] instead of [H+]

· you can then calculate pOH = -log[OH-]

· pH = 14 – pOH

The equilibrium expression:


B   +   H2O   (   BH+   +   OH-
BH+ is the conjugate acid of the weak base B

EXAMPLE: Calculate the [OH-], pOH and pH of a solution that is 0.10 M NH3 (weak base B).  The Kb for ammonia is 1.75 x 10-5.



NH3   +   H2O   (   NH4+   +   OH-
Also, calculate the Ka for the conjugate acid NH4+
Similar to weak acids, when the assumption that x << CB:
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CB is the analytical concentration of B
Buffers:
By definition, buffers are solutions that resist change in pH with dilution or the addition of an acid or base
· your blood is buffered, any sudden change in blood pH can kill you!!! 

Buffers are usually mixtures prepared from a weak acid (HA) in combination with its conjugate base (A-) and vice versa

· buffers can be acidic, basic or neutral depending on the equilibrium

· e.g. an acetate buffer is prepared by adding sodium acetate (A-) to a solution of acetic acid (HA) until the desired pH is attained – this will result in an acidic buffer

· a basic buffer can be prepared by adding ammonium chloride (conjugate acid of ammonia HB+) to a solution of the weak base NH3 (B)

The Henderson-Hasselbach Equation:
Used to:

(1) solve for the pH of a buffer system

(2) prepare a buffer of a predetermined concentration

H-H for an acidic buffer:
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Derivation of H-H equation:
We can derive a similar expression with respect to the base B

Using H-H equation:

(1) To calculate the pH of a buffer solution:

EXAMPLE: Calculate the pH of a solution that is 0.40M formic acid and 1.00 M sodium formate. The Ka = 1.80 x 10-4
(2) to calculate what quantities are needed to prepare buffer of a specific pH.

READING ASSIGNMENT: Section 6-5, 6-6, 6-7, Section 9-5 of text on Buffers

WE WILL COME BACK TO BUFFERS AGAIN IN CHAPTER 9!!!
Equilibrium for Complex Formation:
If anion X- causes metal M+ to precipitate at high concentrations of X-, it is shown that MX tends to redissolve

· this is due to the formation of a complex ion, e.g. MX2-
· in this case X- is called the ligand
A ligand is an atom or group of atoms attached to the species of interest

Example: consider PbI+, PbI3- and PbI42-
Here Pb2+ is the same as M+ above, I- is called the ligand

· Pb2+ behaves as a Lewis acid, i.e. accepts electron pair

· I- behaves as a Lewis base, i.e donates electron pair

· The reaction between a LA and LB yields an adduct

· The bond between LA and LB is called dative or cooridinate covalent bond

The Ksp of PbI2:

PbI2(s) ↔ Pb2+ + 2I-

Ksp = [Pb2+][I-]2 =  7.9 x 10-9
You would expect the solubility of PbI2 to be low

· at high [I-], more PbI2  dissolves due to complex formation

Complexation equilibria always written as formation, not dissociation
Pb2+  +  I-  ↔  PbI+

K1 = [PbI+]/[Pb2+][I-] = 1.0 x 102
Pb2+  + 2I- ↔ PbI2(aq)

(2 =


        = 1.4 x 103
Pb2+  + 3I- ↔ PbI3-

(3


        = 8.3 x 103

Pb2+  + 4I- 
↔ PbI42-

(4

                 = 3.0 x 104
The overall K for this process is the products of the individual K (or () as we’ve discussed before

At low [I-], the solubility of lead is determined by precipitation of PbI2 (s)

· when [I-] increases the above reactions are driven further to the right (Le Chatelier’s principle again)

· when this happens, the concentration of dissolved PbI2 is increased relative to the Pb2+ alone

Example: Find the concentration of PbI+, PbI2(aq), PbI3- and PbI42- in a solution saturated with PbI2(s) and containing dissolved I- with a concentration of (a) 0.0010M and (b) 1.0 M

Equilibrium and Thermodynamics
Equilibrium is dictated by thermodynamics of a chemical reaction

· head absorbed or released (enthalpy = (H)

· the degree of disorder of reaction and products (entropy = (S)

· both of these contribute to some degree

Recall: 

· positive (H means endothermic reaction heat is absorbed

· negative (H means exothermic, heat is liberated

· positive (S means products more disordered than reactants

· negative (S means products less disordered than reactants

Enthalpy
The enthalpy change ((H) is the heat absorbed or released whe reaction takes place under constant applied pressure

· (H0 is the standard enthalpy change and refers to a reaction that occurs when all reactants and products are in their standard state

Entropy
Then entropy (S) is a measure of disorder within the system

The greater the disorder, the greater is the entropy

· e.g. a gas is more disordered than a solid or liquid

· (S is the change in entropy

· (S0 is the change in entropy for a reaction where all reactants and products are in their standard state

KCl(s) ↔ K+(aq) + I-(aq)

(S0 = +76.4J/(K mol) at 250C
(S0  is positive, because one mole and K+  and one mole K+ is more disordered than one mole KCl(s)

Free Energy
Free energy is the interplay between (H and (S

· systems at constant temperature and pressure tend towards lower enthalpy and higher entropy

· reaction is drive more right (towards products) when (H is negative or (S is positive

· i.e. reaction is favored when (H is negative and (S is positive

Suppose both (S and (H are both positive or negative is the reaction favored or disfavored?

· we need to look at the Gibbs free energy (G to decide

(G = (H - T(S

· A reaction is favored when (G is negative

· (G is related to the equilibrium constant, so we see how thermodynamics affects equilibrium

(G = -RT lnK or
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We say that a reaction is spontaneous when (G is negative or when K > 1
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