Chapter 8 - Reaction Rates and Equilibrium

Chapter Outline:

· Spontaneous and nonspontaneouos reactions;

· The molecular collision theory of reactions;

· Energy profile of a typical reaction;

· Factors that influence rates of reactions;

· Chemical equilibrium and the law of mass action;

· Equilibrium positions and equilibrium constants;

· Factors that affect equilibrium.

Thermodynamic Functions:

· Enthalpy – heat content of a system at constant pressure;

· Enthalpy change (H) – heat lost or gained during reaction at constant pressure;

· Entropy – degree of randomness or disorder of a system

Spontaneous and Nonspontaneous Processes


Many reactions are exergonic or exothermic (release energy), such as the combustion of methane gas or the burning of woods. These reactions are also spontaneous - once started, they will continue until the limiting reactants are used up. All spontaneous reactions appear to be exothermic – they have negative enthalpy changes (H < 0). Nonspontaneous reactions require a continuous supply of energy to occur; they are endergonic reactions.


However, some endergonic reactions were found to be spontaneous, such as reactions that occur in "cold-packs". It appears that these endergonic spontaneous reactions are always accompanied by an increase in entropy. The reactions have positive entropy changes (S > 0). The evaporation of water is an endergonic process that is accompanied by an increase in entropy. The entropy of water vapor (or steam) is higher than that of liquid water. Evaporation is more spontaneous at high temperature than at lower temperature. 

Entropy is a thermodynamic function that determines the spontaneity of a reaction, such that, all spontaneous processes involve an increase in the entropy of the universe. (A thermodynamic universe is the system and its surroundings taken together)

Using the two thermodynamic functions (enthalpy and entropy), reactions can be divided into four different classes:

1. Exergonic reactions with positive entropy change (S > 0) are always spontaneous regardless of the temperature. 

2. Endergonic reactions with S > 0 are more spontaneous at high temperature, but less spontaneous (or even nonspontaneous) at low temperature.

3. Exergonic reactions with S < 0 are more spontaneous at low temperature and less spontaneous (or even nonspontaneous) at high temperature.

4. Endergonic reactions with S < 0  are always nonspontaneous, under any conditions.

Reaction Rates


The rate of reaction is a measure of how fast the reactants are consumed or products are formed during a given length of time. 

For reaction:
A + B  (  C


Rate =  - [A]   =  - [B]
or  Rate = [C]


     t

 t

      t

For example, in the reaction: NO2(g)  +  CO(g)  (  NO(g)  +  CO2(g),

if the reaction produces 0.016 mol/L of CO2 in 50.0 seconds, the average rate is



(0.016 mol/L - 0.000 mol/L)  = 3.2 x 10-4 mol.L-1.s-1.




   50.0 s

In reaction: Ce4+(aq) + Fe2+(aq)  (  Ce3+(aq) + Fe3+(aq), the concentration of Fe3+ was found to be 1.50 x 10-5 mol/L after the reaction has occurred for 75.0 seconds. What is the average rate?


Average rate = (1.50 x 10-5 mol/L - 0.000 mol/L)  = 2.00 x 10-7 mol/L.s.






75.0 s

Potential Energy Profile of a Reaction Process

The following diagram illustrates the energy profile of a typical reaction process. 
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Example, for reaction: 2 NOBr(g)  (  2 NO(g) + Br2(g) ........(1)
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Molecular Collision Theory
According to the molecular collision theory,

· Molecules must collide for reactions to occur;  

· Collisions must have proper orientations and sufficient energy to overcome the energy barrier called activation energy, Ea. 

· Only favorable collisions lead to the formation of a transition complex, which eventually form products; 

· The rate of reaction measures how fast reactants are consumed or products are formed.

Factors Affecting Rates of Reaction 


The reaction profile illustrates that reactants must form a transition complex prior to the formation of products.  To form the transition complex, molecules must approach each other with proper orientation for proper bond formation and molecular collisions must yield enough energy to overcome the activation energy, Ea, of the reaction.  The rate of reaction is directly proportional to the frequency of effective collisions, which are influenced by the following factors:

1. Higher reactants concentrations lead to higher frequency of effective collisions.

2. Increasing the temperature causes molecules to move faster, which leads to increased frequency of energetic collisions and reaction rates.

3. Catalysts lower the activation energy (Ea) of reactions. This increases the fraction of effective collisions and the reaction rate. 

Chemical Equilibrium

Consider the following reaction:  N2(g)  +  3 F2(g)   (  2 NF3(g)
The above equation implies that, if we mix 1 mole of N2 and 3 moles of F2 we would expect to produce 2 moles of NF3.  However, for many reactions in a close system like this one, a point will be reached where the concentration of products stop to increase with time even though there are reactants available in the mixture.  


This observation is explained as follows: when N2 and F2 are initially mixed in a sealed container, molecular collisions result in the formation of NF3. As time progresses and more products are formed, their molecules also collide with one another and cause the reverse reaction to occur. As reactant concentrations decrease and those of products increase, the rate of forward reaction decreases while that of the reverse reaction increases. At some point, the rates of opposing reactions become equal and the overall reactions come to a state of equilibrium. At this point the concentrations of all species becomes constant until the reaction condition is altered.   

Equilibrium is a dynamic state; the reactions have not stopped, but both forward and reverse reactions continue to occur with the same rate. Equilibrium is the exact balancing of two opposing processes, in which all concentrations remain constant.

The Equilibrium Constant Expressions

According to the law of mass action, equilibrium reactions or processes are written as follows:



wA  +  xB  ⇄  yC  +  zD

where A, B, C, and D are the chemical species, and w, x, y, and z are their respective coefficients. The equilibrium constant expression is given as,


K  =
[C]y.[D]z ; 
(K is called the equilibrium constant)



[A]w.[B]x

At constant temperature, K has fixed numerical value.  For example, the reaction:  

2SO2(g)  +  O2(g)  ⇄  2SO3(g)  has reach equilibrium constant, 


K  =      [SO3]2__ 




[SO2]2[O2] 

[SO2], [O2], and [SO3] are molar concentrations of individual substances at equilibrium. For example,  if at a certain temperature an equilibrium mixture contains 1.50 M SO2, 1.25 M O2, and 3.50 M SO3, the equilibrium constant for the reaction at that temperature is 

 

K  =      [SO3]2__  =       (3.50 M)2____  =  4.36 



[SO2]2[O2]      (1.50 M)2(1.25 M)

A given reaction has one equilibrium constant at a given temperature, but it has an infinite number of sets of concentrations, called the equilibrium positions. For example, at the same temperature, the above reaction may have a different set of concentrations and another equilibrium position, such as, [SO2] = 0.590 M. [O2] = 0.045 M, and [SO3] = 0.260 M. The equilibrium constant for the reaction is



K  =      [SO3]2__  =       (0.260 M)2____  =  4.32 



[SO2]2[O2]      (0.590 M)2(0.045 M)

These two values of K are within experimental error. Thus, a given reaction may have many equilibrium positions, but only one equilibrium constant at a given temperature. The equilibrium constant, K, only changes if temperature changes. For exothermic reactions, the value of K decreases when temperature increases, while for endothermic reactions, K increases as temperature increases.

Exercise-1

1.
Write the equilibrium expression for each of the following reactions:


a.  2NO(g)  ⇄   N2O4(g);   

K = ?


b.  2NOBr(g)  ⇄  2 NO(g) + Br2(g);  
K = ?


c.  N2(g) + 3 F2(g) ⇄  2 NF3(g);  

K = ?  


d.  H2(g) + Cl2(g)  ⇄  2 HCl(g);

K = ?

2.
In an experiment, a mixture containing 1.00 mole each of N2 and H2 gases was sealed in a 1.00-L flask and allowed to react and  reach equilibrium at 500oC. The equilibrium mixture was found to contain 0.921 M N2, 0.763 M H2, and 0.157 M NH3.  Calculate the equilibrium constant, K, for the reaction: 






N2(g) + 3 H2(g) ⇄  2NH3(g) 


(Answer: K = 0.0603)

3.
An equilibrium mixture is found to contain 2.59 M N2, 2.77 M H2, and 1.82 M NH3 at 500oC. Calculate the value of the equilibrium constant K for the reaction:





N2(g) + 3H2(g) ⇄ 2NH3(g) 


(Answer: 0.0602)

4.
The equilibrium constant, K, for the reaction:  CO(g) + 2H2(g)  ⇄  CH3OH(g)

is 14.5 at 500 K.  If the equilibrium concentrations of CO and H2 are 0.350 M and 0.450 M, respectively, what is concentration of CH3OH at equilibrium?


(Answer: 1.03 M)

__________________________________________________________________________

Factors Affecting the Equilibrium Positions and Equilibrium Constants 

- the Le Chatelier Principle


The numerical value of the equilibrium constant, K, enable us to say something about the equilibrium position or the extent of a reaction when it reaches equilibrium at a particular temperature. A large K values imply that a considerable amount of products have been formed at equilibrium. In fact, if K is very, very large, we can simply assume that the reaction has gone to completion when equilibrium is reached. While a small value of K means that very little products have been formed at equilibrium. 


The equilibrium position is affected by factors such as changes in concentrations, pressure, and temperature of the reaction mixture. Le Chatelier's principle states that, when a change is imposed on a system at equilibrium, the system will react and shifts its equilibrium position in a direction that tends to reduce that change.

1.  Effect of Changes in Concentration


Consider the reaction:  N2(g) + 3H2(g)  ⇄ 2 NH3(g);  

Suppose that a system at equilibrium contains the following concentrations:


[N2] = 0.399 M,  [H2] = 1.197 M,
[NH3] = 0.203 M

What will happen if 1.000 mol/L of N2 is added into the system at equilibrium?

· [N2] increases and according to the Le Chatelier's principle, the system will try to decrease this concentration. A net forward reaction occurs as a result until a new equilibrium concentrations is established.

In general, increasing the concentration of any of the reactants will cause the equilibrium to shift in the direction of the formation of products, because by doing so, it decreases the concentration of the reactant and reduces the stress.

2.  Effect of changing volume and pressure.

In reactions involving gaseous substances, compressing the mixture into smaller volumes causes the pressure to increase (Boyle's Law).  According to the Le Chatelier's principle, if a system at equilibrium experiences a change in pressure, a net reaction that tends to reduce the overall pressure will occur until a new equilibrium position is established.

a)  Consider the reaction:  N2(g) + 3 H2(g)  ⇄ 2NH3(g); 

In this reaction, the forward reaction decreases the total pressure because the forward reaction results in fewer number of molecules in the mixture.  Whereas the reverse reaction increases the total number of molecules, hence increases the total pressure.


If the mixture is compressed into a smaller vessel, the pressure will increase and a net forward reaction occurs to reduce the pressure and reach a new equilibrium position. (We say that increasing the pressure by compression causes an equilibrium shift to the right.) The new equilibrium position will contain a higher concentration of ammonia. Thus, the production of ammonia from nitrogen and hydrogen gases favors a high-pressure condition.


On the other hand, if the mixture (at equilibrium) is transferred into a larger vessel, the total gas pressure will drop, causing a stress, and a net reaction in the reverse direction will occur to increase the pressure and reach a new equilibrium position.  

b)  Consider the reaction:  CH4(g)  + H2O(g)  ⇄ CO(g) + 3 H2(g), 

In this reaction, the forward reaction causes the number of gaseous molecules to increase. If the equilibrium mixture is compressed into a smaller vessel, a net reaction in the reverse direction will occur until a new equilibrium position with lower pressure is established. Reducing the pressure by transferring the equilibrium mixture into a larger vessel will result in a net forward reaction to achieve a new equilibrium position. Thus, the reaction of methane gas with steam to produce CO and H2 gas favors a low-pressure condition.

c)  Consider the following reaction:  CO(g) + H2O(g)  ⇄  CO2(g) + H2(g), 

There is no net change in the total number of molecules.  Compressing or expanding the volume of the reaction vessel will not affect the equilibrium position because the change imposes equal stress on both reactants and products.

Compressing or expanding the volume of the reaction mixture will affect equilibrium position only if the total number of gaseous molecules of products is different from that of reactants.

3. Effects of Temperature on Equilibrium

    (a) Consider the following exothermic reaction, in which heat is a product:



2 SO2(g) + O2(g)  ⇄ 2 SO3(g);

Ho = -180 kJ

If the temperature is raised (more heat added), the system will experience a stress and a net reaction that absorbs heat will occur to reach a new equilibrium position, which is in the reverse direction for exergonic reactions.  If the temperature is lowered (heat is removed), the system will also experience a stress, and a net forward reaction that produces heat occurs to reach a new equilibrium position.  All exothermic reactions favor a low temperature condition.

      (b) For the following endothermic reaction: 

CH4(g) + H2O(g)  ⇄  CO(g) +  3 H2(g);

Ho = +205 kJ

increasing the temperature will cause a net forward reaction to a new equilibrium position, and lowering the temperature causes a net reverse reaction (produces heat). That is, endothermic reactions favor high temperature condition.

Exercise-2:  

1.
Determine whether the following reactions favor high or low-pressure conditions?


(a)  N2(g) + 3 H2(g)  ⇄  2 NH3(g)

(b)  2 SO2(g) + O2(g)  ⇄  2 SO3(g)

(c)  
    PCl5(g)  ⇄  PCl3(g) + Cl2(g) 


(d)  CO(g) + 2 H2(g)  ⇄  CH3OH(g)

(e)   CO(g) + H2O(g)  ⇄  CO2(g) + H2(g)
2.
Determine whether the following reactions (the forward reactions) favor a high or low temperature conditions?


(a)  N2(g) + 2 H2(g)  ⇄  N2H4(g);

Ho = +95 kJ


(b)  CO(g) + H2O(g) ⇄  CO2(g) + H2(g);

Ho = -46 kJ.


(c)  COCl2(g)  ⇄  CO(g) + Cl2(g)  

Ho = +108 kJ


(d)  CO(g) + 2 H2(g)  ⇄  CH3OH(g);

Ho = -270 kJ

3.
A mixture containing 0.160 mol of NO2(g) and 0.0400 mol of N2O4(g) is placed in a 10.0-L container and the following equilibrium is established at 353 Kelvin.





2NO2(g)  ⇄  N2O4(g) 
  
At equilibrium, the concentration of NO2 is found to be 0.0210 M.  (a) What is the molar concentration of N2O4(g)?  (b) What is the equilibrium constant, K? (c) How many moles of each substance are present at equilibrium?  

(Answer: (a) [N2O4] = 0.00150 M;  (b) K = 3.40;  

 (c) 0.21 mol of NO2 and 0.0150 mol of N2O4)
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