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Topic 15 ( Chemical Equilibrium

CHEMICAL EQUILIBRIUM


A. Reversible reactions



1. Reversible chemical reactions are those in which the reactants 

    are converted into products and the products are converted into 

    reactants at the same time

2. Forward and reverse reactions

a. The forward reaction is the conversion of reactants into 

    products.

b. The reverse reaction is the conversion of products into

    reactants.

3. In theory, every chemical reaction is a reversible reaction,  

    but we will focus on those in which the formation of products 

    is only slightly favored over the formation of reactants.

B. Definition of chemical equilibrium

Chemical equilibrium is the condition reached by a reaction mixture when the rates of the forward and the reverse reactions have become equal.


C. This is a dynamic equilibrium.



1. Events have not stopped ( they are continuing.



2. However, the rate at which products are being formed is equal 

                            to the rate at which reactants are being formed.

3. At equilibrium, there is no net change in the actual amounts of 

    reactants and products in the system.


D. Equilibrium position



1. The equilibrium position of a reaction is given by the relative 

                            concentrations of reactants and products at equilibrium.



2. It indicates whether products or reactants are favored in a 

                            reversible reaction.




a. If the concentration of products at equilibrium is higher 

    than the concentration of reactants, then the products 

    are “favored”.


               A  ((((( B




       (( 




b. If the concentration of reactants at equilibrium is higher 

                                        than the concentration of products, then the reactants are 

                                        “favored”.

      ((


A  ((((( B

E. Applying stoichiometry to equilibrium mixtures


1. Procedure



a. Write and balance the equation for the reaction.



b. Remember that products can only be formed at the 

                            expense of reactants.

c. Set up an I.C.E. (Initial-Change-Equilibrium) table.


(1) Tabulate all of the known initial amounts of 

                  all species involved in the equilibrium.


(2) Tabulate the known equilibrium amounts.


(3) For those species for which both initial and 

                 equilibrium amounts are known, calculate 

                 the change in amount that occurs.


(4) Use stoichiometry to calculate the changes in 

                 all of the other species.


(5) From the initial amounts and the change in  

                  amounts calculate the equilibrium amounts.



2. Example

A mixture of 5.00 mol of H2 and 10.00 mol of I2 are placed in a container and are allowed to come to equilibrium.  The equilibrium amount of HI is 0.38 mol.  Calculate the number of moles of each substance that are present at equilibrium.

H2 + I2 ( 2 HI

	
	H2
	I2
	HI

	initial
	5.00
	10.00
	0.00

	change
	(0.19c
	(0.19b
	+0.38a

	equilibrium
	4.81
	9.81
	0.38


(a) 0.38 mol HI are found at equilibrium, so 0.38 mol of HI 

     must have been formed since it is not a reactant.

(b) From stoichiometry:

	0.38 mol HI
	1 mol I2
	=
	0.19 mol I2 consumed,

	
	2 mol HI
	
	


    
hence the negative sign.

(c) From stoichiometry:

	0.38 mol HI
	1 mol H2
	=
	0.19 mol H2 consumed,

	
	2 mol HI
	
	


    
hence the negative sign.

EQUILIBRIUM CONSTANT


A. Defined verbally

The equilibrium constant is the ratio of the equilibrium concentrations of products to the equilibrium concentrations of reactants, each raised to the power of its stoichiometric coefficient.

NOTE: K will not have units.


B. Defined mathematically



for aA + bB +cC ( dD + eE + fF

	Kc =
	[D]d[E]e[F]f

	
	[A]a[B]b[C]c



C. Magnitude of the equilibrium constant



1. Kc >> 1




a. The equilibrium lies to the right.




b. Products are favored.

2. Kc << 1




a. The equilibrium lies to the left.




b. Reactants are favored.



3. Examples




In which of these are products favored over reactants:





Remember, “K” does not have units!

a. Kc = 1 x 102

b. Kc = 0.003





c. Kc = 3.5

d. Kc = 6 x 10(4

D. Writing equilibrium constant expressions



1. For homogeneous equilibria ( where all reactants and products 

    are in the same phase


a. In terms of concentrations



(1) Procedure




(a) Balance the equation.




(b) Identify the phase of all reactants 

      and products.




(c) Write the equilibrium constant 

                  expression with products raised 

      to coefficients over reactants 

      raised to coefficients.





(2) Examples






(a) 

CO (g)  + Cl2 (g) ((( COCl2 (g)

	Kc =
	[COCl2]

	
	[CO][Cl2]






    
(b) 

HCOOH (aq) ((( H+ (aq) + HCOO ( (aq)

	Kc =
	[H+][HCOO(]

	
	[HCOOH]





b. In terms of partial pressures where all species are 

    gaseous





(1) Procedure for calculating Kp





(a) Balance the equation.

(b) Make sure that all reactants and products 

     are in the gaseous phase.




(c) Write the gas phase equilibrium constant 

     expression with product partial pressures 

     raised to coefficients over reactant partial 

     pressures raised to coefficients.





(2) Example





      2 NO (g) + O2 (g) ((( 2 NO2 (g)







Kp = 
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(3) Calculating Kp and Kc





(a) Equation







Kp = Kc(RT)(n
	(n =
	moles of

gaseous products
	(
	moles of

gaseous reactants


ONLY AS LONG AS 

all pressures are in atmospheres






where R has the value of 


0.082058







and where T is in Kelvin
(b) Example







Calculate Kp for this reaction:






N2 (g) + 3 H2 (g) ((( 2 NH3 (g)







at 472 (C when Kc = 0.105.

	GIVEN
	FIND

	2 mol products

4 mol reactants

T = 472 (C

R  = 0.082058

Kc = 0.105
	 (n  = ?

 T (in K) =

 Kp = ?







(n = 2 ( 4 = (2






T = 745 K






Kp = Kc(RT)(n






Kp = (0.105)[(0.082058)(745)](2






Kp = (0.105)[2.676 x 10(4]






Kp = 2.81 x 10 (5

2. For heterogeneous equilibria ( where all reactants and products 

    are not in the same phase


a. Procedure



(1) Balance the equation.



(2) Identify the phase of all reactants and products.





(3) Eliminate those reactants and products that are:






(a) pure liquids ( (l)






(b) pure solids ( (s)


(4) Write the equilibrium constant expression with

                              aqueous or gaseous with products raised to 

                              coefficients over aqueous or gaseous reactants 

                              raised to coefficients.




b. Examples





(1)
(NH4)2Se (s) ((( 2 NH3 (g) + H2Se (g)






Kc = [NH3]2[H2Se]





(2) 
AgCl (s) ((( Ag+ (aq) + Cl ( (aq)






Kc = [Ag+][Cl (]





(3)
P4 (s) + 6 Cl2 (g) ((( 4 PCl3 (l)







Kc = 
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E. Calculating equilibrium constants



1. From equilibrium concentrations




a. Procedure





(1) Write the appropriate equilibrium constant 

                  expression for the reaction.

(2) Plug in values for the equilibrium 

     concentrations.




b. Example





For the formation of nitrogen dioxide at 230 (C the 

following equilibrium concentrations were found: 

[NO] = 0.0542 M

[O2] = 0.127 M

[NO2] = 15.5 M

Calculate the equilibrium constant (Kc)

for this system.


2 NO (g) + O2 (g) ((( 2 NO2 (g)

	Kc
	=
	[NO2]2
	=
	(15.5)2

	
	
	[NO]2[O2]
	
	(0.0542)2(0.127)


                                               Kc = 6.44 x 105

The equilibrium lies to the right and products are favored.


2. From stoichiometry




a. Procedure




(1) Write and balance the equation for the reaction.


(2) Set up an I.C.E. table  (Initial-Change-

                  Equilibrium table)





(3) Write the appropriate equilibrium constant 

                  expression for the reaction.

(4) Plug in values for the equilibrium 

      concentrations.




b. Example

At very high temperatures, H2S decomposes into its constituent elements.  0.100 mol H2S was put into a 10.0 L reaction vessel and heated to 1132 (C.  At equilibrium, the resulting mixture was found to contain 0.0285 mol H2.  Calculate Kc for this system.

The balanced equation is:


2 H2S (g) ((( 2 H2 (g) + S2 (g)

The I.C.E. table is:

	
	H2S

(mol)
	H2

(mol)
	S2

(mol)

	initial
	0.100
	0.00
	0.00

	change
	(0.0285
	+0.0285
	+0.01425

	equilibrium
	0.0715
	0.0285
	0.01425


Take note that there is a difference between moles and molarity when working these types of problems.

	[H2S]
	=
	0.0715 mol
	=
	7.15 x 10(3 M

	
	
	10.0 L
	
	


	[H2]
	=
	0.0285 mol
	=
	2.85 x 10(3 M

	
	
	10.0 L
	
	


	[S2]
	=
	0.01425 mol
	=
	1.425 x 10(3 M

	
	
	10.0 L
	
	


	Kc
	=
	[H2]2[S2]
	=
	(2.85 x 10(3)2(1.425 x 10(3)

	
	
	[H2S]2
	
	(7.15 x 10(3)2


                                        Kc = 2.26408 x 10(4

    Kc = 2.3 x 10(4

The equilibrium lies to the left and reactants are 

favored.


F. Predicting the direction of a reaction from the reaction quotient



1. Verbal definition of reaction quotient


The reaction quotient (Qc) is the ratio of the concentrations of products to the concentrations of reactants, each raised to the power of its stoichiometric coefficient.

NOTE: those concentrations are not necessarily 

those at equilibrium.

Qc will not have units.

It looks like “Kc” but may not be an equilibrium constant.

2. Defined mathematically




for aA + bB +cC ( dD + eE + fF




Qc = 
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where the subscript “0” indicates initial

concentrations rather than equilibrium 

concentrations



3. Three possible cases




a. Qc > Kc 





(1) The ratio of the initial concentrations of 

                  products to reactants is too large.





(2) To reach equilibrium, products must be 

       converted into reactants.





(3) The system proceeds from right to left, 

      consuming products and forming reactants 

      to reach equilibrium.





(4) The reaction will go to the left.




b. Qc = Kc





(1) The ratio of the initial concentrations of 

      products to reactants is the same as the ratio 

      of the equilibrium concentrations. 





(2) To reach equilibrium nothing else needs 

      to happen.





(3) The system has no net consumption of either 

      reactants or products.





(4) The reaction mixture is already at equilibrium.




c. Qc < Kc 





(1) The ratio of the initial concentrations of 

      products to reactants is too small.





(2) To reach equilibrium, reactants must be 

      converted into products.





(3) The system proceeds from left to right, 

                  consuming reactants and forming products

                  to reach equilibrium.





(4) The reaction will go to the right.



4. Example




Consider the following conditions for the following 

reaction:





N2 (g) + 3 H2 (g) ((( 2 NH3 (g)

0.249 mol N2, 3.21 x 10(2 mol H2, and 6.42 x 10(4 mol NH3 are placed into a 3.50 L reaction vessel at 375 (C.  If Kc for this reaction this temperature is 1.2, predict the direction of the reaction for this mixture.

	[N2]0
	=
	0.249 mol
	=
	7.114 x 10(2 M

	
	
	3.50 L
	
	


	[H2]0
	=
	3.21 x 10(2 mol
	=
	9.171 x 10 (3 M

	
	
	3.50 L
	
	


	[NH3]0
	=
	6.42 x 10(4 mol
	=
	1.834 x 10 (4 M

	
	
	3.50 L
	
	


	Qc
	=
	[NH3]02
	=
	(1.834 x 10(4)2

	
	
	[N2]0[H2]03 
	
	(7.114 x 10(2)(9.171 x 10 (3)3




          Qc = 0.613




0.613 < 1.2

Qc < Kc:  The net reaction will proceed from left to right 

                and more NH3 will form.


G. Calculating equilibrium concentrations



1. Calculating one equilibrium concentration given the others and 

    the equilibrium constant




a. Procedure





(1) Write the appropriate equilibrium constant

      expression for the reaction.

(2) Plug in values for the equilibrium constant and 

      the known equilibrium concentrations.

(3) Solve for the unknown equilibrium 

     concentration.     




b. Example





At 1285 (C the equilibrium constant for the 

following reaction:


Br2 (g) ((( 2 Br (g)

is Kc = 1.04 x 10(3.  In a 0.200 L vessel an equilibrium mixture of the gases has 1.533 x 10 (3 mol Br2 (g) in it. Calculate the equilibrium concentration of Br (g).





Definition of Kc:

	Kc
	=
	[Br]2

	
	
	[Br2]






Definition of molarity:

	[Br2]
	=
	1.533 x 10(3 mol
	=
	7.665 x 10(3 M

	
	
	0.200 L
	
	


Substituting:

	1.04 x 10(3
	=
	[Br]2

	
	
	7.665 x 10(3 M


[Br]2 = 7.972 x 10(6
[Br] = 2.82 x 10(3 M

2. Calculating equilibrium concentrations from initial 

    concentrations and the equilibrium constant     




a. Procedure




(1) Write and balance the equation for the reaction.


(2) Set up an I.C.E. table  (Initial-Change-

                 Equilibrium table) where the change is given 

                 as “x” or whole number multiples of “x” and 

                 where the equilibrium concentrations are given 

                 in terms of  “x”.





(3) Write the appropriate equilibrium constant 

      expression for the reaction.

(4) Plug in the equilibrium values given in terms 

     of “x”.

(5) Solve the equilibrium constant expression for 

     the values of the equilibrium concentrations.  

     NOTE: Many times you will need to use the 

                  quadratic formula.

Reminder:

A quadratic equation of the form:



ax2 + bx + c = 0

has the solution:



x = 
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b. Example





(1) At 472 (C the equilibrium constant for the 

     following reaction:


N2 (g) + 3 H2 (g) ((( 2 NH3 (g)

is Kc = 0.105.  A 2.00 L vessel is filled 

with 0.500 mol NH3 and allowed to reach equilibrium at 472 (C.  Calculate the equilibrium concentrations of N2, H2, 

and NH3.

	[NH3]0
	=
	0.500 mol
	=
	0.250 M

	
	
	2.00 L
	
	


Let “x” represent the change in the molarity of the N2 so that all other changes will be whole number multiples of x.

	
	N2
	H2
	NH3

	initial
	0 M
	0 M
	0.250 M

	change
	+ x  M
	+ 3x M
	( 2x M

	equilibrium
	x M          
	+ 3x M
	(0.250 ( 2x) M


	Kc
	=
	[NH3]2
	=
	(0.250 ( 2x)2

	
	
	[N2][H2]3
	
	(x)(3x)3


	Kc
	=
	(0.250 ( 2x)2

	
	
	(x)(27x3)


	Kc
	=
	(0.250 ( 2x)2

	
	
	27x4


	0.105
	=
	(0.250 ( 2x)2

	
	
	27x4


	2.835
	=
	(0.250 ( 2x)2

	
	
	x4
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1.684 = 
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1.684 x2 = 0.250 ( 2x
1.684 x2 + 2x ( 0.250 = 0





1.684 x2 +    2x    + (( 0.250) = 0



  


           (((     (((     (((
  a x2     +  b x   +       c       = 0




Solve using the quadratic formula:





x = 
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The negative solution has no real world meaning, so:
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x = 0.114






       [N2] = x = 0.114 M





       [H2] = 3x 

   = 3(0.114 M) 

   = 0.342 M





    [NH3] = (0.250 ( 2x) 

   = 0.250 M ( 2(0.114 M) 

               = 0.250 M ( 0.228 M 

   = 0.022 M

FACTORS AFFECTING EQUILIBRIUM


A. LeChatelier’s Principle



If an external stress is applied to a system at equilibrium, the 

system adjusts in such a way that the stress is partially offset.


B. Changes in concentration



1. Adding or removing reactants or products.

a. Adding a reactant pushes a reversible reaction to the 

    right.





(1) Part of the added reactant/s will be consumed.





(2) Additional product/s will be formed.




b. Removing a reactant pulls a reversible reaction to the 

    left.





(1) Part of the already formed product/s will be

     consumed.





(2) Additional reactant/s will be formed.




c. Adding a product pushes a reversible reaction to the left.





(1) Part of the added product/s will be consumed.





(2) Additional reactant/s will be formed




d. Removing a product pulls a reversible reaction to the 

                                        right.





(1) Part of the already present reactant/s will be 

      consumed.





(2) Additional product/s will be formed.



2. Rule of thumb

When a reactant or product is added to a system at equilibrium, the system will reestablish equilibrium by shifting in the direction that consumes part of the added substance.



3. Example




FeSCN2+ (aq) ((( Fe3+ (aq) + SCN ( (aq)



    red                         pale yellow     colorless




a. Adding FeSCN2+





By adding more FeSCN2+ to the original solution…

the reaction is pushed to the right, 

more Fe3+ and SCN ( are formed, 

but not all of the added FeSCN2+ reacts,

   so the red color deepens.




b. Adding more Fe3+




By adding Fe(NO3)3 to the original solution… 

more Fe3+ is added,


the reaction is pushed to the left,


more FeSCN2+ is produced,

   so the red color deepens.




c. Removing Fe3+





By adding oxalic acid to the solution,
 which binds 

the Fe3+ tightly, we can remove free Fe3+ from 

solution…

the reaction is pulled to the right,

more FeSCN2+ is consumed,

and the red solution becomes more yellow.


C. Changes in temperature



1.  Summary of exothermic and endothermic reactions




Endothermic:


reactants + heat  ((( products




Exothermic:



reactants ((( products + heat


2. Adding or removing heat, which can be thought of as a reactant 

                            or product as appropriate.


a. Exothermic reactions, where (H is negative, heat is a 

                product, and the temperature of the system would tend 

                to increase.


(1) Raising the temperature, adding heat, pushes an 

      exothermic reversible reaction to the left.






(a) Part of the other already formed 

      product/s will be consumed.






(b) Additional reactant/s will be formed.

(2) Lowering the temperature, removing heat, pulls 

      an exothermic reversible reaction to the right.






(a) Part of the already present reactant/s 

      will be consumed.






(b) Additional product/s will be formed.

b. Endothermic reactions, where (H is positive, heat is a 

    reactant, and the temperature of the system would tend 

    to decrease


(1) Raising the temperature, adding heat, pushes an 

     endothermic reversible reaction to the right.






(a) More of the already present reactant/s 

                  will be consumed.






(b) Additional product/s will be formed.

(2) Lowering the temperature, removing heat, pulls 

      an endothermic reversible reaction to the left.






(a) Part of the already present product/s will 

     be consumed.






(b) Additional reactant/s will be formed.



3. Rule of thumb




Treat “heat” as if it were a reactant or product as 

appropriate.

4. Be alert to the fact that changing the temperature will also affect 

     the value of the equilibrium constant.

Remember, however, that changing concentration, pressure, or adding catalyst has no effect on the value 

of the equilibrium constant.



5. Example

Co(H2O)62+ (aq) + 4 Cl ( (aq) ((( CoCl42( (aq) + 6 H2O (l)







                   
where (H > 0             

                                                              


(endothermic)

Co(H2O)62+ (aq) + 4 Cl ( (aq) + heat ((( CoCl42( (aq) + 6 H2O (l)
pale pink                                                         deep blue

At room temperature the solution is violet (pink + blue).




a. Increasing temperature





By increasing the temperature heat is added…






“heat” is a reactant in this reaction,






some of the already present Co(H2O)62+ 

is consumed,






more CoCl42( is produced,

                               so the violet solution turns blue.




b. Decreasing temperature





By decreasing the temperature heat is removed…






“heat” is a reactant in this reaction,

some of the already present CoCl42- is 

consumed,






more Co(H2O)62+ is produced,

  so the violet solution turns pink.


D. Changes in pressure



1. Changes in pressure caused by changing volume

a. Increasing pressure pushes a reversible reaction to the 

    side with the fewer total number of moles of gas.


(1) Solids, liquids, and aqueous species are 

                  not affected.

 
(2) Part of the species on the side with the greater 

                  number of moles of gas will be consumed.

b. Decreasing pressure pulls a reversible reaction to the side 

    with the greater total number of moles of gas.


(1) Solids, liquids, and aqueous species are not 

                  affected.

 
(2) Part of the species on the side with the fewer 

                 number of moles of gas will be consumed.




c. Rule of thumb

When the total pressure of a system at equilibrium is increased by applying an external pressure, the system will reestablish equilibrium by shifting in the direction that reduces the pressure, but a shift only occurs when there is a difference in the total number of moles of gases.




d. Examples





(1)  H2 (g) + I2 (g) ((( 2 HI (g)

Changing the pressure does not affect this system because the total number of moles of reactants is the same as the total number of moles of products.





(2) N2 (g) + 3 H2 (g) ((( 2 NH3 (g)






(a) Increasing the pressure

Increasing the pressure pushes the reaction to the side with the fewer total number of moles of gas ( the right…

N2 and H2 are consumed.

     
NH3 is produced.







(b) Decreasing the pressure

Decreasing the pressure pulls the 

reaction to the side with the greater total number of moles of gas ( the left…

NH3 is consumed.

N2 and H2 are produced.


E. Addition of a catalyst

1. Catalysts do not undergo permanent chemical change in the 

    reaction they catalyze.

2. Catalysts work by lowering the activation energy for the 

    reaction ( both forward and reverse!



3. Catalysts increase the rate of both the forward and the reverse 

                            reaction.



4. Adding a catalyst has no effect on the composition of a reaction 

                            mixture.



5. Adding a catalyst does not affect the value of the equilibrium 

                            constant.



6. A catalyst merely increases the rate at which equilibrium is 

                            reached.
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