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	Chemical Equilibrium: The Equilibrium Condition 
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	Since no changes occur in the concentrations of reactants or products in a reaction system at equilibrium, it may appear that everything has stopped. However, this is not the case. On the molecular level, there is frantic activity. Equilibrium is not static but is a highly dynamic situation. The concept of chemical equilibrium is analogous to the flow of cars across a bridge connecting two island cities. Suppose the traffic flow on the bridge is the same in both directions. It is obvious that there is motion, since one can see the cars traveling back and forth across the bridge, but the number of cars in each city is not changing because equal numbers of cars are entering and leaving. The result is no net change in the car population.

To see how this concept applies to chemical reactions, consider the reaction between steam and carbon monoxide in a closed vessel at a high temperature where the reaction takes place rapidly:

H2O(g) + CO(g)
 [image: image3.png]


 
H2(g) + CO2(g)
Assume that the same number of moles of gaseous CO and gaseous H2O are placed in a closed vessel and allowed to react. The plots of the concentrations of reactants and products versus time are shown in Fig. 13.2. Note that since CO and H2O were originally present in equal molar quantities, and since they react in a 1:1 ratio, the concentrations of the two gases are always equal. Also, since H2 and CO2 are formed in equal amounts, they are always present in the same concentrations.

Figure 13.2
The changes in concentrations with time for the reaction H2O(g) + CO(g) [image: image4.png]


H2(g) + CO2(g) when equimolar quantities of H2O(g) and CO(g) are mixed.
[image: image5.png][co)or (1,0]

[P—




Figure 13.2 is a profile of the progress of the reaction. When CO and H2O are mixed, they immediately begin to react to form H2 and CO2. This leads to a decrease in the concentrations of the reactants, but the concentrations of the products, which were initially at zero, are increasing. Beyond a certain time, indicated by the dashed line in Fig. 13.2, the concentrations of reactants and products no longer change-equilibrium has been reached. Unless the system is somehow disturbed, no further changes in concentrations will occur. Note that although the equilibrium position lies far to the right, the concentrations of reactants never go to zero; the reactants will always be present in small but constant concentrations. This is shown on the microscopic level in Fig. 13.3.
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Figure 13.3
(a) H2O and CO are mixed in equal numbers and begin to react (b) to form CO2 and H2. After time has passed, equilibrium is reached (c) and the numbers of reactant and product molecules then remain constant over time (d).
What would happen to the gaseous equilibrium mixture of reactants and products represented in Fig. 13.3, parts (c) and (d), if we injected some H2O(g) into the box? To answer this question, we need to be sure we understand the equilibrium condition: The concentrations of reactants and products remain constant at equilibrium because the forward and reverse reaction rates are equal. If we inject some H2O molecules, what will happen to the forward reaction: H2O + CO [image: image7.png]


H2 + CO2? It will speed up because more H2O molecules means more collisions between H2O and CO molecules. This in turn will form more products and will cause the reverse reaction H2O + CO [image: image8.png]


H2 + CO2 to speed up. Thus the system will change until the forward and reverse reaction rates again become equal. Will this new equilibrium position contain more or fewer product molecules than are shown in Fig. 13.3(c) and (d)? Think about this carefully. If you are not sure of the answer now, keep reading. We will consider this type of situation in more detail later in this chapter.

Why does equilibrium occur? We have seen in Chapter 12 that molecules react by colliding with one another, and the more collisions, the faster is the reaction. This is why reaction rates depend on concentrations. In this case the concentrations of H2O and CO are lowered by the forward reaction:

H2O + CO [image: image9.png]


H2 + CO2
As the concentrations of the reactants decrease, the forward reaction slows down (Fig. 13.4). As in the bridge traffic analogy, there is also a reverse direction:

H2O + CO [image: image10.png]


H2 + CO2
Initially in this experiment no H2 and CO2 were present, and this reverse reaction could not occur. However, as the forward reaction proceeds, the concentrations of H2 and CO2 build up, and the rate of the reverse reaction increases (Fig. 13.4) as the forward reaction slows down. Eventually, the concentrations reach levels where the rate of the forward reaction equals the rate of the reverse reaction. The system has reached equilibrium.

Figure 13.4
The changes with time in the rates of forward and reverse reactions for H2O(g) + CO(g) [image: image11.png]


H2(g) + CO2(g) when equimolar quantities of H2O(g) and CO(g) are mixed. The rates do not change in the same way with time because the forward reaction has a much larger rate constant than the reverse reaction.
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The equilibrium position of a reaction-left, right, or somewhere in between-is determined by many factors: the initial concentrations, the relative energies of the reactants and products, and the relative degree of "organization" of the reactants and products. Energy and organization come into play because nature tries to achieve minimum energy and maximum disorder, as we will show in detail in Chapter 16. For now, we will simply view the equilibrium phenomenon in terms of the rates of opposing reactions.

The Characteristics of Chemical Equilibrium
To explore the important characteristics of chemical equilibrium, we will consider the synthesis of ammonia from elemental nitrogen and hydrogen:

N2(g) + 3H2(g)
 [image: image13.png]


 
2NH3(g)
This process is of great commercial value because ammonia is an important fertilizer for the growth of corn and other crops. Ironically, this beneficial process was discovered in Germany just before World War I in a search for ways to produce nitrogen-based explosives. In the course of this work, German chemist Fritz Haber (1868-1934) pioneered the large-scale production of ammonia.

When gaseous nitrogen, hydrogen, and ammonia are mixed in a closed vessel at 25°C, no apparent change in the concentrations occurs over time, regardless of the original amounts of the gases. Why? There are two possible reasons why the concentrations of the reactants and products of a given chemical reaction remain unchanged when mixed.

1. The system is at chemical equilibrium.

2. The forward and reverse reactions are so slow that the system moves toward equilibrium at a rate that cannot be detected.

The second reason applies to the nitrogen, hydrogen, and ammonia mixture at 25°C. As we saw in Chapters 8 and 9, the N2 molecule has a very strong triple bond (941 kJ/mol) and thus is very unreactive. Also, the H2 molecule has an unusually strong single bond (432 kJ/mol). Therefore, mixtures of N2, H2, and NH3 at 25°C can exist with no apparent change over long periods of time, unless a catalyst is introduced to speed up the forward and reverse reactions. Under appropriate conditions, the system does reach equilibrium, as shown in Fig. 13.5. Note that because of the reaction stoichiometry, H2 disappears three times as fast as N2 does and NH3 forms twice as fast as N2 disappears. 



	


	13.2 

	Chemical Equilibrium: The Equilibrium Constant 



	


Science is fundamentally empirical-it is based on experiment. The development of the equilibrium concept is typical. From their observations of many chemical reactions, two Norwegian chemists, Cato Maximilian Guldberg (1836-1902) and Peter Waage (1833-1900), proposed in 1864 the law of mass action as a general description of the equilibrium condition. Guldberg and Waage postulated that for a reaction of the type

jA + kB [image: image14.png]


lC + mD
where A, B, C, and D represent chemical species and j, k, l, and m are their coefficients in the balanced equation, the law of mass action is represented by the following equilibrium expression:
	K = 
	[C]l[D]m

	
	[image: image15.png]




	
	[A]j[B]k


The square brackets indicate the concentrations of the chemical species at equilibrium, and K is a constant called the equilibrium constant.
The value of the equilibrium constant at a given temperature can be calculated if we know the equilibrium concentrations of the reaction components, as illustrated in Sample Exercise 13.2.

It is very important to note at this point that the equilibrium constants are customarily given without units. The reason for this is beyond the scope of this text, but it involves corrections for the nonideal behavior of the substances taking part in the reaction. When these corrections are made, the units cancel out and the corrected K has no units. Thus we will not use units for K in this text.

We can draw some important conclusions. For a reaction of the form

jA + kB [image: image16.png]


lC + mD
the equilibrium expression is

	K = 
	[C]l[D]m
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	[A]j[B]k


If this reaction is reversed, then the new equilibrium expression is

	K = 
	[A]j[B]k
	 = 
	1
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	[C]l[D]m
	
	K


If the original reaction is multiplied by some factor n to give

njA + nkB [image: image20.png]


nlC + nmD
the equilibrium expression becomes

	K = 
	[C]nl[D]nm
	 = Kn
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	[A]nj[B]nk
	

	We Can Summarize These Conclusions About the Equilibrium Expression as Follows:

	· The equilibrium expression for a reaction is the reciprocal of that for the reaction written in reverse.
· When the balanced equation for a reaction is multiplied by a factor n, the equilibrium expression for the new reaction is the original expression raised to the nth power. Thus Knew = (Koriginal)n.
· K values are customarily written without units.


The law of mass action is widely applicable. It correctly describes the equilibrium behavior of an amazing variety of chemical systems in solution and in the gas phase. Although, as we will see later, corrections must be applied in certain cases, such as for concentrated aqueous solutions and for gases at high pressures, the law of mass action provides a remarkably accurate description of all types of chemical equilibria.

Consider again the ammonia synthesis reaction. The equilibrium constant K always has the same value at a given temperature. At 500°C the value of K is 6.0 x 10-2. Whenever N2, H2, and NH3 are mixed together at this temperature, the system will always come to an equilibrium position such that

	[NH3]2
	 = 6.0 x 10-2

	[image: image22.png]



	

	[N2][H2]3
	


This expression has the same value at 500°C, regardless of the amounts of the gases that are mixed together initially.
Although the special ratio of products to reactants defined by the equilibrium expression is constant for a given reaction system at a given temperature, the equilibrium concentrations will not always be the same. Table 13.1 gives three sets of data for the synthesis of ammonia, showing that even though the individual sets of equilibrium concentrations are quite different for the different situations, the equilibrium constant, which depends on the ratio of the concentrations, remains the same (within experimental error). Note that subscript zeros indicate initial concentrations.

		Table 13.1
Results of Three Experiments for the Reaction N2(g) + 3H2(g) [image: image23.png]


2NH3(g)
	
		

	
		Experiment
	Initial Concentrations
	Equilibrium Concentrations
	             K = 
	    [NH3]2
	
						[image: image24.png]



	
						  [N2][H2]3
	
		

	
		    I             
	          [N2]0 = 1.000 M
	          [N2] = 0.921 M
			
		          [H2]0 = 1.000 M 
	            [H2] = 0.763 M 
	K = 6.02 x 10-2 
	
		          [NH3]0 = 0
	            [NH3] = 0.157 M
			
		    II             
	          [N2]0 = 0
	            [N2] = 0.399 M
			
		          [H2]0 = 0 
	            [H2] = 1.197 M
	K = 6.02 x 10-2 
	
		          [NH3]0 = 1.000 M
	            [NH3] = 0.203 M
			
		    III             
	          [N2]0 = 2.00 M
	            [N2] = 2.59 M
			
		          [H2]0 = 1.00 M
	            [H2] = 2.77 M
	K = 6.02 x 10-2 
	
		          [NH3]0 = 3.00 M
	            [NH3] = 1.82 M
			

	


Each set of equilibrium concentrations is called an equilibrium position. It is essential to distinguish between the equilibrium constant and the equilibrium positions for a given reaction system. There is only one equilibrium constant for a particular system at a particular temperature, but there are an infinite number of equilibrium positions. The specific equilibrium position adopted by a system depends on the initial concentrations, but the equilibrium constant does not. 

	13.4 

	Chemical Equilibrium: Heterogeneous Equilibria 



	


So far we have discussed equilibria only for systems in the gas phase, where all reactants and products are gases. These are homogeneous equilibria. However, many equilibria involve more than one phase and are called heterogeneous equilibria. For example, the thermal decomposition of calcium carbonate in the commercial preparation of lime occurs by a reaction involving both solid and gas phases:

	CaCO3(s) [image: image25.png]


CaO(s) + CO2(g)

	     [image: image26.png]



     Lime


Straightforward application of the law of mass action leads to the equilibrium expression

	K = 
	[CO2][CaO]

	
	[image: image27.png]




	
	[CaCO3]


However, experimental results show that the position of a heterogeneous equilibrium does not depend on the amounts of pure solids or liquids present (see Fig. 13.6). The fundamental reason for this behavior is that the concentrations of pure solids and liquids cannot change. Thus the equilibrium expression for the decomposition of solid calcium carbonate might be represented as

	K = 
	[CO2]C1

	
	[image: image28.png]




	
	C2


where C1 and C2 are constants representing the concentrations of the solids CaO and CaCO3, respectively. This expression can be rearranged to give

	C2K
	 = K = [CO2]

	[image: image29.png]



	

	C1
	


	Figure 13.6
The position of the equilibrium CaCO3(s) [image: image30.png]


CaO(s) + CO2(g) does not depend on the amounts of CaCO3(s) and CaO(s) present.
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We can generalize from this result as follows: If pure solids or pure liquids are involved in a chemical reaction, their concentrations are not included in the equilibrium expression for the reaction. This simplification occurs only with pure solids or liquids, not with solutions or gases, since in these last two cases the concentrations can vary.

For example, in the decomposition of liquid water to gaseous hydrogen and oxygen,

2H2O(l) [image: image32.png]


2H2(g) + O2(g)
	where
	K = [H2]2[O2]
	       and       
	Kp = [image: image33.png](Pu. )P,






water is not included in either equilibrium expression because it is a pure liquid. However, if the reaction were carried out under conditions where the water is a gas rather than a liquid, that is,

2H2O(g) [image: image34.png]


2H2(g) + O2(g)
	then
	K = 
	[H2]2[O2]
	       and       
	Kp = 
	[image: image35.png](Pu. )P,
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	[H2O]2
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because the concentration or pressure of water vapor can change.

	13.7 

	Chemical Equilibrium: Le Châtelier’s Principle 



	

	It is important to understand the factors that control the position of a chemical equilibrium. For example, when a chemical is manufactured, the chemists and chemical engineers in charge of production want to choose conditions that favor the desired product as much as possible. That is, they want the equilibrium to lie far to the right. When Fritz Haber was developing the process for the synthesis of ammonia, he did extensive studies on how temperature and pressure affect the equilibrium concentration of ammonia. Some of his results are given in Table 13.2. Note that the equilibrium amount of NH3 increases with an increase in pressure but decreases as the temperature is increased. Thus the amount of NH3 present at equilibrium is favored by conditions of low temperature and high pressure.

Table 13.2
The Percent by Mass of NH3 at Equilibrium in a Mixture of N2, H2, and NH3 as a Function of Temperature and Total Pressure*


Total Pressure


Temperature (°C)
300 atm
400 atm
500 atm


400 
48% NH3
55% NH3
61% NH3
500 
26% NH3
32% NH3
38% NH3
600 
13% NH3
17% NH3
21% NH3
*Each experiment was begun with a 3:1 mixture of H2 and N2.
[image: image39.jpg]



Blue anhydrous cobalt(II) chloride and pink hydrated cobalt(II) chloride. Since the reaction CoCl2(s) + 6H2O(g) [image: image40.png]


CoCl2 · 6H2O(s) is shifted to the right by water vapor, CoCl2 is often used in novelty devices to detect humidity.
However, this is not the whole story. Carrying out the process at low temperatures is not feasible because then the reaction is too slow. Even though the equilibrium tends to shift to the right as the temperature is lowered, the attainment of equilibrium would be much too slow at low temperatures to be practical. This emphasizes once again that we must study both the thermodynamics and the kinetics of a reaction before we really understand the factors that control it.

We can qualitatively predict the effects of changes in concentration, pressure, and temperature on a system at equilibrium by using Le Châtelier’s principle, which states that if a change is imposed on a system at equilibrium, the position of the equilibrium will shift in a direction that tends to reduce that change. Although this rule sometimes oversimplifies the situation, it works remarkably well.

The Effect of a Change in Concentration
To see how we can predict the effect of change in concentration on a system at equilibrium, we will consider the ammonia synthesis reaction. Suppose there is an equilibrium position described by these concentrations:

[N2] = 0.399 M        [H2] = 1.197 M        [NH3] = 0.202 M
What will happen if 1.000 mol/L N2 is suddenly injected into the system? We can answer this question by calculating the value of Q. The concentrations before the system adjusts are

[N2]0
 =  
0.399 M + 1.000 M = 1.399 M 
[image: image41.png]



Added N2
[H2]0
 =  
1.197 M 
[NH3]0
 =  
0.202 M 
Note we are labeling these as "initial concentrations" because the system is no longer at equilibrium. Then

 Q = 
[NH3]02
  = 
(0.202)2
 = 1.70 x 10-2
[image: image42.png]
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[N2]0[H2]03
(1.399)(1.197)3
Since we are not given the value of K, we must calculate it from the first set of equilibrium concentrations:

 K = 
[NH3]2
  = 
(0.202)2
 = 5.96 x 10-2
[image: image44.png]
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[N2][H2]3
(0.399)(1.197)3
As we might have expected, Q is less than K because the concentration of N2 was increased.

The system will shift to the right to come to the new equilibrium position. Rather than do the calculations, we simply summarize the results:

Equilibrium Position I
Equilibrium Position II


            [N2] = 0.399 M
            [H2] = 1.197 M
            [NH3] = 0.202 M
 [image: image46.png]el
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           [N2] = 1.348 M
           [H2] = 1.044 M
           [NH3] = 0.304 M
Note from these data that the equilibrium position does in fact shift to the right: The concentration of H2 decreases, the concentration of NH3 increases, and of course, since nitrogen is added, the concentration of N2 shows an increase relative to the amount present in the original equilibrium position. (However, notice that the nitrogen showed a decrease relative to the amount present immediately after addition of the 1.000 mol N2.)

[image: image47.jpg]
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Shifting the N2O4(g) [image: image49.png]


2NO2(g) equilibrium by changing the temperature. (a) At 100°C the flask is definitely reddish brown due to a large amount of NO2 present. (b) At 0°C the equilibrium is shifted toward colorless N2O4(g).
We can understand this shift by thinking about reaction rates. When we add N2 molecules to the system, the number of collisions between N2 and H2 will increase, thus increasing the rate of the forward reaction and in turn increasing the rate of formation of NH3 molecules. More NH3 molecules will in turn lead to a higher rate for the reverse reaction. Eventually, the forward and reverse reaction rates will again become equal, and the system will reach its new equilibrium position.

We can predict this shift qualitatively by using Le Châtelier’s principle. Since the change imposed is the addition of nitrogen, Le Châtelier’s principle predicts that the system will shift in a direction that consumes nitrogen. This reduces the effect of the addition. Thus Le Châtelier’s principle correctly predicts that adding nitrogen will cause the equilibrium to shift to the right (see Fig. 13.8).

[image: image50.png]



(a)
[image: image51.png]



(b)
[image: image52.png]



(c)
Figure 13.8
(a) The initial equilibrium mixture of N2, H2, and NH3. (b) Addition of N2. (c) The new equilibrium position for the system containing more N2 (due to addition of N2), less H2, and more NH3 than in (a).
If ammonia had been added instead of nitrogen, the system would have shifted to the left to consume ammonia. So another way of stating Le Châtelier’s principle is to say that if a component (reactant or product) is added to a reaction system at equilibrium (at constant T and P or constant T and V), the equilibrium position will shift in the direction that lowers the concentration of that component. If a component is removed, the opposite effect occurs.
The Effect of a Change in Pressure
Basically, there are three ways to change the pressure of a reaction system involving gaseous components:

1. Add or remove a gaseous reactant or product.

2. Add an inert gas (one not involved in the reaction).

3. Change the volume of the container. 

We have already considered the addition or removal of a reactant or product. When an inert gas is added, there is no effect on the equilibrium position. The addition of an inert gas increases the total pressure but has no effect on the concentrations or partial pressures of the reactants or products. That is, in this case the added molecules do not participate in the reaction in any way and thus cannot affect the equilibrium in any way. Thus the system remains at the original equilibrium position.

When the volume of the container is changed, the concentrations (and thus the partial pressures) of both reactants and products are changed. We could calculate Q and predict the direction of the shift. However, for systems involving gaseous components, there is an easier way: We focus on the volume. The central idea is that when the volume of the container holding a gaseous system is reduced, the system responds by reducing its own volume. This is done by decreasing the total number of gaseous molecules in the system.
To see that this is true, we can rearrange the ideal gas law to give

V = (
RT
)n
[image: image53.png]



P
or at constant T and P,
V  n
That is, at constant temperature and pressure, the volume of a gas is directly proportional to the number of moles of gas present.

Suppose we have a mixture of the gases nitrogen, hydrogen, and ammonia at equilibrium (Fig. 13.9). If we suddenly reduce the volume, what will happen to the equilibrium position? The reaction system can reduce its volume by reducing the number of molecules present. This means that the reaction

N2(g) + 3H2(g) [image: image54.png]


2NH3(g)
will shift to the right, since in this direction four molecules (one of nitrogen and three of hydrogen) react to produce two molecules (of ammonia), thus reducing the total number of gaseous molecules present. The new equilibrium position will be further to the right than the original one. That is, the equilibrium position will shift toward the side of the reaction involving the smaller number of gaseous molecules in the balanced equation.

[image: image55.png]



(a)
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(b)
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(c)
Figure 13.9
(a) A mixture of NH3(g), N2(g), and H2(g) at equilibrium. (b) The volume is suddenly decreased. (c) The new equilibrium position for the system containing more NH3 and less N2 and H2. The reaction N2(g) + 3H2(g) [image: image58.png]


2NH3(g) shifts to the right (toward the side with fewer molecules) when the container volume is decreased.
The opposite is also true. When the container volume is increased, the system will shift so as to increase its volume. An increase in volume in the ammonia synthesis system will produce a shift to the left to increase the total number of gaseous molecules present.

[image: image59.jpg]



(a)
[image: image60.jpg]



(b)
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(c)
(a) Brown NO2(g) and colorless N2O4(g) in equilibrium in a syringe. (b) The volume is suddenly decreased, giving a greater concentration of both N2O4 and NO2 (indicated by the darker brown color). (c) A few seconds after the sudden volume decrease, the color is much lighter brown as the equilibrium shifts the brown NO2(g) to colorless N2O4(g) as predicted by Le Châtelier’s principle, since in the equilibrium
2NO2(g) [image: image62.png]


N2O4(g)
the product side has the smaller number of molecules.
The Effect of a Change in Temperature
It is important to realize that although the changes we have just discussed may alter the equilibrium position, they do not alter the equilibrium constant. For example, the addition of a reactant shifts the equilibrium position to the right but has no effect on the value of the equilibrium constant; the new equilibrium concentrations satisfy the original equilibrium constant.

The effect of temperature on equilibrium is different, however, because the value of K changes with temperature. We can use Le Châtelier’s principle to predict the direction of the change.

The synthesis of ammonia from nitrogen and hydrogen is exothermic. We can represent this by treating energy as a product:

N2(g) + 3H2(g) [image: image63.png]


2NH3(g) + 92 kJ

Table 13.3
Observed Value of K for the Ammonia Synthesis Reaction as a Function of Temperature*


Temperature (K)
K


500
90    
600
  3    
700
  0.3  
800
  0.04
*For this exothermic reaction, the value of K decreases as the temperature increases, as predicted by Le Châtelier’s principle.
Table 13.4
Shifts in the Equilibrium Position for the Reaction 58 kJ + N2O4(g) [image: image64.png]


2NO2(g)


Change
Shift


Addition of N2O4(g)
Right 
Addition of NO2(g)
Left 
Removal of N2O4(g)
Left 
Removal of NO2(g)
Right 
Addition of He(g)
None
Decrease container volume
Left
Increase container volume
Right
Increase temperature
Right
Decrease temperature
Left
If energy is added to this system at equilibrium by heating it, Le Châtelier’s principle predicts that the shift will be in the direction that consumes energy, that is, to the left. Note that this shift decreases the concentration of NH3 and increases the concentrations of N2 and H2, thus decreasing the value of K. The experimentally observed change in K with temperature for this reaction is indicated in Table 13.3. The value of K decreases with increased temperature, as predicted.

On the other hand, for an endothermic reaction, such as the decomposition of calcium carbonate,

556 kJ + CaCO3(s) [image: image65.png]


CaO(s) + CO2(g)
an increase in temperature will cause the equilibrium to shift to the right and the value of K to increase.

In summary, to use Le Châtelier’s principle to describe the effect of a temperature change on a system at equilibrium, treat energy as a reactant (in an endothermic process) or as a product (in an exothermic process), and predict the direction of the shift in the same way as when an actual reactant or product is added or removed. Although Le Châtelier’s principle cannot predict the size of the change in K, it does correctly predict the direction of the change. 
 

We have seen how Le Châtelier’s principle can be used to predict the effect of several types of changes on a system at equilibrium. To summarize these ideas, Table 13.4 shows how various changes affect the equilibrium position of the endothermic reaction

N2O4(g) [image: image66.png]


2NO2(g)        H° = 58 kJ


	


Problems!!

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

a. 2 H2(g) + O2(g) (( 2 H2O (g)

b. Cl2(g) + 2 Fe2+(aq) (( 2 Fe3+(aq) + 2Cl‑(aq)

c. Cu2+(aq) + 4 NH3(aq) (( Cu(NH3)4 2+ (aq)

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

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

b. Ag+(aq) + I‑(aq) (( AgI(s)

c. Fe3+(aq) + 3 OH-(aq) ((2 Fe(OH)3(s)

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

a. Zn2Fe(CN)6(s) (( 2 Zn2+(aq) + Fe(CN)6 4‑(aq)

b. H+(aq) + OH‑(aq) (( H2O(l)

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

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

b. I2(s) + Cl2(g) ((  2ICl(g)

c. 2 B(s) +3 F2(g) (( 2 BF3(g)

5.

Write equilibruirn expressions for each of the following reactions:

a. CaCO3(s) (( CaO(s) + CO2(g)

b. 2 HCN(aq) + Zn(s) (( H2(g) + 2 CN‑(aq) + Zn2+(aq)

c. 2 NaHCO3(s) + 2 CaHPO4(s) (( 2 H2O(g) + 2 CO2(g) + 2 CaNaPO4(s)

6.

The following chemical process is at equilibrium:

2 H2(g) + O2(g) (( 2 H2O(g)

How would the process respond if the pressure were increased at constant temperature?

7.

The reaction of carbon disulfide with chlorine is as follows:

CS2(g) + 3 Cl2(g) (( CCl4(g) + S2Cl2(g) + 238 kJ

Predict the effect of each of the following changes to the system on the direction of equilibrium:

a. The pressure on the system is doubled by halving the volume. 

b. CCl4, is removed as it is generated. 

c. Heat is added to the system.

8.

Given the following reaction at equilibrium,

3F2(g) + Cl2(g) (( 2 ClF3(g)

a. Predict the effect if‑ the pressure were reduced at constant temperature? 

b. Predict the effect if‑ the volume were reduced by increasing the pressure at constant temperature?

9.
The reaction of nitrogen gas with hydrogen chloride is as follows:

N2(g) + 6 HCl(g) +461 kJ (( 2 NH3(g) + 3 Cl2(g)  

Predict the effect of each of the following changes to the system on the direction of equilibrium:

a. Triple the volume of the system 

b. The amount of nitrogen is doubled. 

c. Heat is added to the system.

10.
Using the following equation, what is the effect on the equilibrium when the partial pressure of ammonia is increased?

NH4Cl(s) (( NH3(g) + HCl(g)

11. State three ways to increase the concentration of NOCl in the following reaction:

2 NO(g) + Cl2(g)
((
2 NOCl(g)

12. What effect do the following changes have on the equilibrium concentration of O2(g) in the following reaction? Give a reason for each of your answers.

4 HCl(g) + O2(g) (( 2 H2O(g) + 2 Cl2(g) + 27 kJ

(a) increasing the temperature of the reaction

(b) increasing the pressure

(e) decreasing the concentration of Cl2
(d) increasing the concentration of HCl

(e) adding a catalyst

(f)  the reaction temperature is lowered from 300º to 290ºC?

13. Consider the following reaction:

C(s) + CO2(g) + 41.3 kJ  (( 2 CO(g)

In which direction will the equilibrium shift when the reaction is subjected to each the following conditions? 

(a) the amount of carbon is increased 

(b) the amount of carbon monoxide is increased 

(c) the reaction mixture is heated 

(d) the amount of carbon dioxide is increased 

(e) the pressure is increased 

(f) a catalyst is added to the mixture

14. What effect does each of the following changes have on the equilibrium concentration of PCl3 in the system:

PCl3(g) + Cl2(g) (( PCl5(g)  + 21 kJ

(a) decreasing the concentration of PCl5
(b) increasing the concentration of Cl2
(c) increasing the temperature

(d) decreasing the volume of the reaction container

15. Nitrogen dioxide, NO2, causes the reddish brown haze seen in air pollution. It is formed by the reaction of nitric oxide, NO, with oxygen.

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

What is the effect of each of the following on this system at equilibrium? 

(a) doubling the volume of the reaction flask 

(b) adding more oxygen to the reaction flask 

(c) increasing the pressure in the flask

16. An industrially important reaction for the production of hydrogen gas is

CO(g) + H2O(g) ((  H2(g) + CO2(g) +  41.7 kJ

Describe how each of the following changes affects the equilibrium concentration of H2‑

(a) addition of H2O 

(b) addition of CO2 

(c) removal of CO

(d) increasing the temperature of the reaction

(e) decreasing the volume of the reaction container

