Chapter 13 - CHEMICAL EQUILIBRIUM

Goals of the chapter:

At the end of the chapter, you are expected to know:

· The meaning of equilibrium;

· the expression of Kc for homogeneous and heterogeneous systems

· Calculate Kc value from equilibrium data;

· The relationship between Kc and Kp;

· Factors affecting equilibrium and the Le Chatelier’s principle regarding equilibrium;

· Some application of equilibrium.

__________________________________________________________________________

Introduction to Chemical Equilibrium
In discussing stoichiometry, we often assume that all reactions go to completion and that the amount of product(s) obtained depends on the amount and stoichiometric relationship of the limiting reactant to product(s). Some reactions go to completion. The following class reactions are examples of these types of reactions:
1.
Acid-base reactions;

2.
Precipitation reactions;

3.
Oxidation-reduction reactions (electron transfer reactions).

4.
Reactions in which nonelectrolytes are formed.

However, many reactions, especially those involving gases, generally do not go to completion. In fact, reverse reactions occur before the limiting reactants get completely used up. All gaseous reactions in a closed system undergo reversible processes and the following are some examples:

1.
N2(g)  +  3H2(g) ⇄ 2 NH3(g);

2.  2 SO2(g) + O2(g) ⇄  2 SO3(g);

3.  CO(g) + H2O(g) ⇄ CO2(g) + H2(g);

In aqueous solutions, the dissociations of weak acids and bases and the dissolution of slightly soluble salts are reversible processes. 

1.
HC2H3O2(aq) + H2O(l) ⇄ H3O+(aq) + C2H3O2-(aq);

2.
NH3(aq)  +  H2O(l) ⇄  NH4+(aq) + OH- (aq);

3.
Mg(OH)2(s)  ⇄ Mg2+(aq)  +  2 OH- (aq);

Consider the following reaction that occurs in a closed container:



2 NO2(g)  ⇄ N2O4(g)
If an amount of NO2 gas is placed in a sealed container and let it stands at room temperature, the brownish color of the gas slowly fades (or becomes less intense). This is because the forward reaction that changes some of NO2 (brown) to N2O4 (colorless) has taken place. The fading of the color may continue for some times as more and more of NO2 gas is converted to N2O4, but this change apparently seems to stop at some point when the reaction has reached a state of equilibrium. Equilibrium occurs because the reversible or processes occur at the same rate. 

All chemical reactions carried out in a closed system are essentially reversible and will eventually reach a state of equilibrium, at which concentrations of components in the reaction mixture remain unchanged even when the mixture is left for a longer period at constant temperature.

Many chemical processes in nature also occur in reversible manner and established equilibrium. For example, the formation of stalactite and stalagmite in limestone caves are the results of reversible reactions. When rain water saturated with dissolved CO2 seeps through limestone hills (composed mainly of CaCO3), the following reaction occurs in which some of CaCO3 (limestone) are dissolved.


CaCO3(s) + H2O(l) + CO2(aq)  ⇄  Ca2+(aq) + 2 HCO3-(aq);
.....(1)

The rain water that sieve through the rocks becomes saturated with Ca2+ and HCO3- ions causing the reverse reaction to occur, depositing CaCO3 that eventually form the stalactites and stalagmites. 


Ca2+(aq) + 2HCO3-(aq)  ⇄  CaCO3(s) + H2O(l) + CO2(g);
.....(2)

We may say that the formation of stalactite and stalagmite in limestone caves is the result of the following reversible reactions:


CaCO3(s) + H2O(l) + CO2(aq)  ⇄ Ca2+(aq) + 2 HCO3-(aq);

Some reactions occur at a significantly fast rate and reach equilibrium within minutes. Precipitation and acid-base reactions are examples of reactions that quickly reach equilibrium. Other reactions occur very slowly and may take weeks if not months or years to reach equilibrium. The following reactions are examples of these slow reactions. They are usually carried out at high temperature and in the presence of catalysts:


N2(g)  +  3 H2(g)  ⇄ 2 NH3(g);


2 SO2(g) + O2(g)  ⇄ 2 SO3(g)

CH4(g) + H2O(g) ⇄ CO(g) + 3H2(g)
13.1  The Equilibrium Conditions
All chemical reactions are preceded by molecular collisions, but only those collisions with proper orientation and sufficient energy to form the transition state complex would subsequently lead to the formation of products. Consider the following reversible reaction:



H2(g) + I2(g) ⇄ 2 HI(g)
which consists of forward and reverse processes: 
Forward reaction:  H2(g) + I2(g)  (  2 HI(g) ....(1); 
Reverse reaction:  2 HI(g)  (   H2(g) +  I2(g)....(2)
1.
The rate of forward reaction (equation-1) depends on the frequency of collisions, which in turn depends  on the concentrations of H2 and I2.

2.
As HI molecules are formed, they also collide with each other and some of them dissociate to form H2 and I2 according to equation-2 - the reverse process.

3.
As both opposing reactions progress, the concentration of products increases and so the rate of the reverse reaction.  At the same time, the reactant concentrations and the rate of forward reaction decrease.

4.
Eventually, the rates of the two opposing processes become equal and there is no net change in the concentrations of the reacting species. 

5.
A state of dynamic chemical equilibrium is established, such as,




H2(g) + I2(g)  ⇄ 2HI(g);

Equilibrium is the exact balancing of two opposing processes.  It is a dynamic state, where both forward and reverse processes continue with equal rates. At equilibrium, the concentrations of all species in the system remain constant.  

__________________________________________________________________________

13.2  The Equilibrium Constant Kc

Consider a reaction involving a homogeneous system, such that their equilibrium is represented by the law of mass action:

wA  +  xB ⇄ yC  +  zD;
  Kc  =   ([C]y[D]z)/([A]w[B]x)
where, A, B, C, and D are chemical species, and w, x, y, and z are their respective coefficients. The equilibrium constant, Kc, for similar systems, as shown in the examples below, can be expressed as follows:

1.  H2(g)  +  I2(g)  ⇄ 2 HI(g);

Kc  =  
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2.  N2(g)  +  3H2(g)  ⇄ 2 NH3(g);

Kc =   
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 [Note: All concentrations for calculating Kc are those measured at equilibrium.]

Determining The Equilibrium Constant, Kc
Suppose that 0.1000 mole each of H2 and I2 are placed in 1.000-L flask, stoppered, and the mixture is heated to 425oC. At equilibrium, the concentration of I2 is found to be 0.0210 M. What are the equilibrium concentrations of H2 and HI, respectively?  Calculate Kc for the following reaction at 425oC.



H2(g)  +  I2(g) ⇄ 2 HI(g)
Calculate the concentration of H2, I2 and HI at equilibrium using the ICE table:





H2(g)
   +  
I2(g)     ⇄      2 HI(g)

———————————————————————————

Initial [  ], M:

0.1000

0.1000
       0.0000


Change in [  ], M:         -0.0790              -0.0790
    +(2 x 0.0790)


Equilibrium [  ], M
0.0210

0.0210
       0.1580


———————————————————————————


Kc  =  
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(0.0210)

(0.1580)

  =  56.6

For a given reaction at constant temperature, the value of Kc does not depend on the amounts of reactants that are initially mixed, nor on any specific set of concentrations at equilibrium. For a given reaction, different sets of concentrations may occur at equilibrium, but the same value of Kc will be obtained at a given temperature. Kc depends on how the chemical equation is written, but not on how the reaction is carried out. 
For example, supposed that 0.05000 mole of HI is placed in a 1.000-L flask, and the mixture is sealed and heated to 425oC. At equilibrium, the concentration of I2 is found to be 0.00525 M. Calculate [H2] and [HI] at equilibrium, and the value of Kc for the reaction:



H2(g)  +  I2(g) ⇄  2 HI(g)
Calculate the concentration of H2, I2 and HI at equilibrium using the ICE table:


—————————————————————————————————





H2(g)
   +  
I2(g)      ⇄ 
2 HI(g)

—————————————————————————————————


Initial [  ], M:

0.00000

0.00000  
0.05000


Change in [  ], M:        +0.00525           +0.00525          -(2 x 0.00525)


Equilibrium [  ], M
0.00525

0.00525
   
0.03950


—————————————————————————————————



Kc  =   
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  =  56.6

The initial reaction may occur in the reverse direction and the equilibrium mixture may contain a different set of concentrations, but the value of Kc for the reaction at any given temperature will remain constant. Each set of equilibrium concentrations is called equilibrium position. Thus, a given reaction at a fixed temperature has only one Kc value, but it can have a finite number of equilibrium positions.

13.3  Equilibrium Expressions Involving Partial Pressures
For reactions involving gaseous species, the equilibrium constant may be expressed in terms of partial pressures and denoted as Kp. For example,

2SO2(g) +  O2(g) ⇄  2SO3(g);
Kp  =  
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Relationship between Kp and Kc:
Consider the equilibrium:  2 SO2(g) +  O2(g) ⇄ 2 SO3(g);


Kc =  
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Kp  =  
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Assuming ideal gas behavior: PV = nRT, we derive the following relationships:


PSO3 = (nSO3)RT/V;  
PSO2 =  (nSO2)RT/V;   
PO2 =  (nO2)RT/V


(nSO3)/V = (PSO3)/RT = [SO3];      (PSO2)/RT = [SO2];
(PO2)/RT = [O2]



Kc =  
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For the reaction:  2 SO2(g) +  O2(g) ⇄  2 SO3(g),
  Kc = Kp(RT),  or  Kp = Kc(RT)-1
In general, for reactions involving gases, such as: 


wA(g) + xB(g) ⇄  yC(g) + zD(g);    Kp = Kc(RT)n;
where n = (y + z) - (w + x);  (w, x, y, and z are coefficients of gas species only)

Other examples:
1.  PCl5(g) ⇄  PCl3(g) + Cl2(g);

Kp = Kc(RT); 


2.  2NO2(g) ⇄  N2O4(g);


Kp = Kc(RT)-1


3.  H2(g) + I2(g) ⇄  2 HI(g);   

Kp =  Kc;


4.  N2(g) + 3H2(g) ⇄ 2 NH3(g);

Kp = Kc(RT)-2
______________________________________________________________________

Exercise-1:

1.
0.160 mol NO2 and 0.0400 mol N2O4 are placed in a 10.0-L sealed container.  When equilibrium is reached at 353 K, the equilibrium concentrations were: [NO2] = 0.0210 M.  What is the molar concentration of N2O4 at equilibrium?  Calculate the value of Kc and Kp, respectively, at 353 K for the reaction:





2 NO2(g) ⇄  N2O4(g)
2.
Methanol (or methyl alcohol) is produced commercially according to the following reaction:




  CO(g) + 2H2(g) ⇄  CH3OH(g)

Suppose that in an experiment, 1.000 mol each of CO and H2 are allowed to react in a sealed 10.0-L vessel.  When equilibrium is established at 500 K, the concentration of CH3OH was 0.00892 M.  What are the equilibrium concentrations of CO and H2? Calculate the equilibrium constants Kc and Kp, respectively, for the reaction at 500 K?   (R = 0.0821 L.atm/Mol.K) 

__________________________________________________________________________

Relationship Between Equilibrium Equations and Equilibrium Constants.

The equilibrium constant is expressed depending on how the equilibrium equation is written.  For example, for the following equilibrium:



H2(g) + I2(g) ⇄  2 HI(g);     
 Kc  =  
[image: image12.wmf]]

][I

[H

[HI]

2

2

2


For the reverse reaction:  2 HI(g) ⇄  H2(g) + I2(g);     Kc’ =  
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If the reverse equation is divided by 2 and written as:  


HI(g) ⇄  ½ H2(g) +  ½ I2(g),
   Kc’’ =  
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In fact, when two or more equations are added to yield a net equation, the equilibrium constant for the net equation, Knet, is equal to the product of equilibrium constants, Ki, of individual equations. 
For example,


Eq(1):
A + B  ⇄  C + D
K1 =  
[image: image15.wmf]([A][D])
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Eq(2):
C + E   ⇄   B + F
K2 =  
[image: image16.wmf]([C][E])
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Eq(3):
A + E   ⇄  D + F
K3 =   
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where,  Eq(3) = Eq(1) + Eq(2);  and 
K3 = K1 x K2
Exercise-2:

1.
The equilibrium constant for the reaction:  N2(g) + 3H2(g)  ⇄ 2NH3(g),


is  Kc = 3.6 x 108 at 298 K.  What is the equilibrium constant for the following reaction,




NH3(g) ⇄  ½ N2(g) + 3/2 H2(g)
2.
For the reaction:  2 SO2(g) + O2(g) ⇄  2 SO3(g),  Kc = 280 at 1000 K.  

What is the equilibrium constant for the following decomposition of SO3 at 1000 K?





SO3(g) ⇄  SO2(g) + ½ O2(g).

3.
Given:  
(1) N2(g) + ½ O2(g) ⇄  N2O(g); 
Kc(1) = 2.4 x 10-18


 
(2) N2(g) + O2(g) ⇄  2 NO(g);
Kc(2) = 4.1 x 10-31

What is the equilibrium constant for the reaction:




N2O(g) + ½ O2(g) ⇄  2 NO(g) ?

__________________________________________________________________________

13.4  Heterogeneous Equilibria

In systems that involve components of different phases, such as solids and gases, liquids and gases, or solution and pure liquid, the concentration terms for the pure substances (solid or liquids) are not included in the expression of Kc. This is because the concentrations of such substances are constant, regardless of the quantity. For example, the concentration of pure water is about 56 M, regardless of its volume.   Examples of equilibrium constant expressions in heterogeneous equilibria are:

1.  CaCO3(s)  ⇄   CaO(s) + CO2(g);  

Kc = [CO2]

2.  C(s)  +  H2O(g) ⇄  CO(g) + H2(g);

Kc =  [CO][H2]






           [H2O]

3.  (NH4)2CO3(s) ⇄ 2NH3(g) + H2O(g) + CO2(g);  Kc = [NH3]2[H2O][CO2]
The following are examples of equilibria in aqueous solution:

1.  HNO2(aq) + H2O(l) ⇄  H3O+(aq) + NO2- (aq);
Ka = [H3O+][NO2-]
[HNO2]

2.  NH3(aq) + H2O(l) ⇄   NH4+(aq) +  OH-(aq);

Kb =  [NH4+][OH-]
  [NH3]

3.  PbCl2(s)  ⇄   Pb2+(aq)) + 2Cl- (aq);


Ksp = [Pb2+][Cl-]2;

(Ka, Kb, and Ksp are respectively called acid ionization, base ionization, and solubility product constants.)

_____________________________________________________________________

13.5  Applications of the Equilibrium Constant 

Knowing the equilibrium constant for a reaction allows us to predict: 

· The extent of the reaction when equilibrium is established, but not the rate of rection;

· Whether a given set of concentrations represents an equilibrium condition;

· The direction of net reaction from a given set of initial concentrations.

The value of the equilibrium constant for a reaction enable us to say whether the reaction under a given conditions favors product formation or tends to remain mainly on the reactant side. However, equilibrium constant does not tell us how fast equilibrium will be achieved.

Using Equilibrium Constant to Predict the Direction of Net Reaction


For a reaction of known Kc value, the direction of net reaction can be predicted by calculating the reaction quotient, Qc.  Reaction quotient is expressed in the same manner as Kc, except that the concentrations used are not necessarily the equilibrium concentrations.  Consider the reaction:


pA  +  qB  ⇄   rC  +  sD;
  Qc =  ([C]r[D]s)
 


           ([A]p[B]q)

If Qc = Kc, ( the reaction has reach equilibrium;

If Qc < Kc, (  the reaction is not at equilibrium and there’s a net forward reaction;

If Qc > Kc, ( the reaction is not at equilibrium and there’s a net reaction in reverse direction.

Calculating Equilibrium Concentrations from Initial Concentrations and Kc 


If the equilibrium constant Kc for a reaction and the initial concentration(s) of reactants are known, the concentration of each component at equilibrium can be calculated.  For example, consider the reaction:


H2(g)  +  I2(g)  ⇄  2 HI(g),  Kc = 55.6 at 425 oC.

If the initial concentrations of H2 and I2 are 1.000 M each, and the initial concentration of HI is 0.000, then the concentrations of components in the equilibrium mixture at 425 oC can be calculated as follows:


((((((((((((((((((((((((((((((
Equation:

H2(g)    +   I2(g)    ⇄     2 HI(g)

((((((((((((((((((((((((((((((
Initial [  ], M

1.000
      1.000
     0.000

Change [  ], M 

 -x
       -x

    +2x



Equilibrium [  ], M  
(1.000 - x)   (1.000 - x)         2x

((((((((((((((((((((((((((((((

Kc =     [HI]2      =       (2x)2       =  55.6

         ([H2][I2])       (1.000 - x)2  


                   2x         =  ((55.6)  =  7.46


(1.000 - x)



2x = 7.46 - 7.46x;   ( 9.46x = 7.46,  and  x = 0.789;

At equilibrium, [H2] = 0.211 M;  [I2] = 0.211 M, and [HI] = 1.58 M
Exercise-3:

1.
The reaction: CO(g) + 2 H2(g) ⇄  CH3OH(g),  has Kc = 14.5 at 500 K.

Determine whether the following mixture containing 1.25 mol of H2, 1.00 mol of CO, and 0.050 mol of CH3OH in a 10.0-L vessel at 500 K is at equilibrium. If not, predict the direction of net reaction that will take place to reach equilibrium.

2.
For the reaction  N2O4(g) ⇄ 2 NO2(g),  Kp = 0.147 at 353 K.  


If the initial pressure of NO2 is 0.921 atm, and initially there was no N2O4, what is the total pressure of gases at equilibrium at 353 K?

3.
The reaction:  PCl5(g) ⇄ PCl3(g) + Cl2(g)  has Kc = 0.0896 at a certain temperature. If 0.0860 mol of PCl5 is placed in an empty 1.00-L flask, what would be the concentrations of PCl5, PCl3, and Cl2 at equilibrium?

_________________________________________________________________________
13.7  Le Châtelier’s Principle and The Shift in Equilibrium Position

Le Châtelier's principle states that when factors that influence an equilibrium are changed, the equilibrium will shift to a new position that tends to minimize those changes. Understanding the factors that control the equilibrium positions of a chemical reaction is very important in chemical manufacturing. Chemists and chemical engineers in charge of production want to choose conditions that would give an optimum yield of the desired products. They would want the equilibrium to lie as far to the product side as possible. Three important factors that influence equilibrium are:

· Concentration,  pressure, and temperature
1.  The Effect of Concentration Change
Consider the reaction: N2(g) + 3 H2(g) ⇄  2 NH3(g);     
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Increasing the concentration of either N2 or H2 (or both) after an equilibrium has been established, will make Qc < Kc, and a net forward (left to right) reaction occurs.  Similar result is obtained if some of NH3 is removed from the mixture.  On the other hand, if some of N2 or H2 is removed or NH3 is added to the equilibrium mixture, it will make Qc > Kc, and a net reaction in the opposite direction will occur until a new equilibrium position is established.
By periodically adding new batches of N2 and H2 gases to the reactor and removing the product (NH3), the above reaction will continuously proceed in the forward direction.

2.  The Effect of Changing Pressure by changing Volume

 (a) 
For a reaction such as:  N2(g) + 3 H2(g) ⇄  2 NH3(g), 

the forward reaction would result in a decrease in pressure due to less number of gaseous molecules. While the reverse reaction increases the number of molecules and result in an increase in the total pressure. If the reaction mixture is forced into a smaller volume, the pressure will increase. According to Le Chatelier’s principle, the system will proceed in the forward reaction to reduce the pressure.  For this type of reactions, the forward reaction favors a high pressure condition. If the reaction mixture is transferred to a larger container, the total gas pressure will drop and a net reaction will proceed in the reverse direction to reach new equilibrium position.  
 (b) For a reaction such as:  CH4(g) + H2O(g) ⇄  CO(g) + 3H2(g), 

the products contain more gaseous molecules. The equilibrium will shift towards the reactants side if pressure is increased by compression of the reaction mixture. This type of reactions favor low pressure conditions. 
 (c) Reactions such as: CO(g) + H2O(g) ⇄  CO2(g) + H2(g) or  H2(g) + Cl2(g) ⇄  2HCl(g),
Has equal number of gaseous molecules on both sides. Changing the overall pressure will not affect the state of equilibrium. Any changes in pressure imposed on the system have equal effects on both sides.   

(d) Note that a pressure change that is not due to volume change has no effect on the equilibrium of a reaction. Equilibrium is not influenced by a pressure change that is due to addition of gases not involved in the equilibrium system.  For example, introducing helium gas into an equilibrium mixture containing H2, N2, and NH3, will not affect its equilibrium?

3.  The Effect of Changing Temperature on Equilibrium

To realize the effect of temperature on equilibrium, we have to know whether a reaction is exothermic or endothermic. For example, the reaction:  

N2(g)  +  3H2(g) ⇄  2NH3(g) + 92 kJ,

is an exothermic reaction – heat is a product. Increasing the temperature means that heat is added to the system, and the system responses by going in the opposite direction (forming the reactants), which is the direction that absorbs heat. If the temperature is lowered (heat is removed), a net forward reaction will occur to produce more heat. Thus, exothermic reactions favor a low temperature condition.

The following is an endothermic reaction :

CH4(g) + H2O(g) + 205 kJ ⇄  CO(g) + 3H2(g),

Increasing the temperature causes the reaction to go forward (in direction that removes heat from the system) to reduce the stress. This type of reactions favor a high temperature condition. Thus, endothermic reactions favor a high temperature condition, and exothermic reactions favors low temperatures.

In chemical kinetics we learn that catalysts speed up reaction rates, but catalysts do not affect equilibrium.
Exercises-4:

1.
Determine whether the following reactions favor high or low pressures?


(a)  2SO2(g) + O2(g) ⇄  2 SO3(g);



(b)  PCl5(g)  ⇄ PCl3(g) + Cl2(g);



(c)  CO(g) + 2H2(g) ⇄ CH3OH(g);


(d)  N2O4(g) ⇄ 2 NO2(g);


(e)  H2(g) + F2(g)  ⇄ 2 HF(g);

2.
Determine whether the following reactions favors high or low temperature?


(a)  2SO2(g) + O2(g) ⇄  2 SO3(g);  

Ho = -180 kJ


(b)  CO(g) + H2O(g) ⇄ CO2(g) + H2(g);  
Ho = -46 kJ


(c)  CO(g) + Cl2(g) ⇄ COCl2(g);

Ho = -108.3 kJ


(d)      N2O4(g) ⇄  2 NO2(g); 

Ho = +57.3 kJ


(e)  CO(g) + 2H2(g) ⇄ CH3OH(g);

Ho = -270 kJ

__________________________________________________________________________

Some Industrially Important Chemical Equilibrium 


Many important processes in chemical industries involve shifting equilibria to make the most of product at the lowest cost. The following are some of the examples.

1.  Contact Process for Sulfuric Acid

    The production of sulfuric acid starts with the formation of sulfur dioxide, SO2, formed: 

(1) by burning sulfur in dry air:


S8(s)  +  8 O2(g)  (  8 SO2(g);

(2) from the combustion of hydrogen sulfide:


2 H2S(g) +  3 O2(g)  (  2 SO2(g) + 2 H2O(g);

or (3) from the roasting processes of metal sulfides such as FeS2 and FeCuS2:



4 FeS2(s) + 11 O2(g)  (  2 Fe2O3(s)  +  8 SO2(g)  


4 FeCuS2(s) + 7 O2(g) (  2 Fe2O3(s) + 4 CuS(s) + 4 SO2(g)
The next step, in the contact process, sulfur dioxide is converted to sulfur trioxide (SO3) according to the following equation, which is exothermic and reversible:


2 SO2(g) + O2(g) ⇄ 2 SO3(g);
Ho = -198 kJ
The forward reaction favors high pressure but low temperature. However, at low temperature the reaction is very, very slow because the reaction has a very activation energy.  The reaction is normally carried out at temperature between 400 - 500 oC and in the presence of catalyst.  Increasing the temperature much higher will speed up reaction, but lowers the product yield.  Thus, the temperature condition is compromised - high enough to make the reaction proceeds at a reasonable rate but low enough that it give a reasonable yield. The reaction is also driven in the forward direction, favoring the formation of SO3, by continuously adding SO2 and O2 and simultaneously removing SO3.  Product formation is also favored by carrying out the reaction at high pressure.  The SO3 gas is dissolved in liquid (concentrated) sulfuric acid to form disulfuric acid, H2S2O7, which is then reacted with water to form sulfuric acid:



SO3(g)  +  H2SO4(l)  (  H2S2O7(l);



H2S2O7(l) + H2O(l)  (  2H2SO4(l) 

2.  The Haber-Bosch Process for the Production of Ammonia

      In the Haber-Bosch process, nitrogen and hydrogen gases are fixed to form ammonia:



N2(g) + 3 H2(g) ⇄ 2 NH3(g);
Ho = -92 kJ

The reaction is carried out at temperature about 250 oC and pressure 200-300 atm.  Iron is used as catalyst to speed up the reaction. By mixing the reactants in stoichiometric proportions of nitrogen and hydrogen (that is, 1 volume of N2 to 3 volume of H2) and carrying out the reaction at high pressure, the percent yield of ammonia is between 15 - 20%.  However, equilibrium is shifted to the right by adding more N2 and H2 gases and simultaneously removing the ammonia as it is formed.  Ammonia condenses to a liquid under conditions at which nitrogen and hydrogen exist as gases. The unreacted nitrogen and hydrogen are recycled, together with the newly added batch of reactants.

In the above process, hydrogen is obtained from natural gas by the following reactions:



CH4(g) + H2O(g)  ⇄   CO(g) + 3 H2(g);



2 CH4(g) + O2(g)  ⇄   2 CO(g) + 4 H2(g)
3. Production of Lime


Lime is produced by heating calcium carbonate:



CaCO3(s)  ⇄   CaO(s) + CO2(g);

The reaction is carried out at high temperature (900 - 1000 oC) and the equilibrium is shifted to the right by continuously removing the CO2 gas.  Lime is used for making mortar and plasters and as a cheap base in industry; it is used for treating acidic soil and in basic metal processing; Lime is also one of the ingradients in the manufacture of glasses and used in water purification.

________________________________________________________________________

Additional Exercises on Chemical Equilibrium

1.
For the equilibrium: N2O4(g) ⇄ 2 NO2(g),  Kc = 4.60 x 10-3 at 25oC.


If 0.0250 mole of N2O4 is initially placed in a 0.500-L flask, what would be the concentrations of N2O4 and NO2, respectively, when equilibrium is established?

2.
For the reaction:  H2(g)  +  I2(g) ⇄ 2 HI(g),


Kc = 49.7 at 458 oC.  If the reaction mixture initially contains 0.500 M each of H2 and I2, but no HI, what are the concentrations of the components at equilibrium at 458 oC.

3.
Solid NH4HS is introduced into an evacuated flask at 24oC and the following reaction takes place until equilibrium is attained:



NH4HS(s)  ⇄  NH3(g)  +  H2S(g)

At equilibrium the total pressure (for NH3 and H2S taken together) is 0.614 atm. Calculate Kp for this equilibrium at 24oC.

4.
A 0.831-g sample of SO3 is placed in an evacuated 1.00-L container and heated to 1100K. The SO3 decomposes to SO2 and O2 as follows:




2 SO3(g)  ⇄   2 SO2(g)  +  O2(g)

At equilibrium the total pressure in the container is 1.300 atm. Determine the value of the equilibrium constant Kp for this reaction at 1100 K.
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