Dynamic Equilibrium

Many chemical reactions can easily run in both forward and reverse directions and are called reversible reactions. The consequences of this reversible behavior has become known as a reaction "coming to equilibrium."


In a chemical system that can come to equilibrium, both the forward reaction direction and the reverse reaction direction will run all the time. This is the meaning of the word "dynamic" in the title. J.H. van 't Hoff (on page 162) in his classic 1884 Études de dynamique Chimique used the phrase "principle of mobile equilibrium" to describe what we now use dynamic for. 

The exact moment of equilibrium happens when the rate of the forward reaction equals the rate of the reverse reaction. 

When a chemical system is at equilibrium, there are no visible changes in the system. The concentrations of every substance in the reaction will remain constant at equilibrium. 

One thing. On the World-Wide Web, this symbol will be used: <===> with reactions that come to equilibrium. In your textbook, look for this symbol: 
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This symbol was introduced in 1902 by H. Marshall (Proc. Edin. Roy. Soc., 24, 85 (1902)) as a modification of the original symbol 
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introduced by J.H. van 't Hoff (on page 115) in the Études. 



Just one more thing. Many other chemical reactions can only run in one direction, going only from the reactants on the left side of the arrow to the products on the right side of the arrow. These reactions are called "not reversible."

A good example of this might be burning some paper:

cellulose + O2 ---> CO2 + H2O

The reaction proceeds until all of either one of the reactants is used up and then it stops. You cannot make the reaction run in reverse. This is usually because of the complexity of one or more of the reactants. For example, imagine putting some carbon dioxide and water together in a beaker and trying to get starch or sugar or any number of other CHO compounds. It just does not happen!! Typically, reversible reactions are simple one-step reactions in both directions. The making of cellulose by a plant requires many steps, some with different requirements of temperature or time, whereas to break cellulose down to CO2 and H2O takes only one step.

OK. Back to equilibrium.



Equilibrium Example #1
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Imagine a beaker with radioactive NaI solid at bottom. Carefully pour a saturated solution of non-radioactive NaI over the solid.

It's important that the solution is saturated. That means that the solution is holding the maximum amount of NaI it can at that temperature.

Allow to sit for several hours.

Remove solution and filter to get solid out.

Solution found to be radioactive. Accounting for radioactive decay, the solution increases in radioactivity until reaching a constant level.

Explain.


Equilibrium Example #2
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Naturally occuring iodine consists only of the single isotope I-127. However, I-131, a radioactive isotope is available commercially. Some methyl iodide, CH3I (which is a liquid at room temperature and one atmosphere pressure) was prepared using radioactive iodine and then used in the following experiment.

Side A is filled with radioactive CH3I while side B is filled with the same volume of non-radioactive CH3I and the beaker is left to sit after being tightly covered.

During the course of the experiment, the liquid levels in compartment A and B do not change. After several hours have elapsed, liquid in compartment B is removed and found to be radioactive.

Explain how the non-radioactive CH3I came to have some radioactive CH3I in it, even though the levels of liquid in both compartments did not change.



In both examples you could measure the growth in the radioactivity over time. You would find that both the non-radioactive portion in each example and the radioactive portion would eventually reach a point where there was constant amounts of radioactivity in each. (Notice: the word "constant" was used, NOT "equal.")

It's important to emphasize that once equilibrium is achieved, the two reactions (forward and reverse) continue to run. It's just at equilibrium, since the rates are equal, there is no more visible (or measurable) change to the system.

The Equilibrium Constant

In 1864, Peter Waage and Cato Maxmilian Guldberg (both of Norway) published the modern meaning of the equilibrium constant. A reaction they used was the one between acetic acid and ethyl alcohol: 

CH3COOH + C2H5OH ---> CH3COC2H5 + H2O 

This reaction, studied in 1862 by others, was carried out many times with different starting concentrations. The reaction was allowed to go to equilibrium and the concentrations of the reactants and products determined. 

From the published data (as well as their own experiments), they were able to determine a general principle which applies to all chemical equilibria. They called it the "Law of Mass Action" and in modern terms, here it is: 

When a system is at equilbrium, a constant value is established by the multiplicative product of the concentrations of the products' concentrations (each raised first to the power of its coefficient), then divided by the multiplicative product of the reactants' concentrations (each raised first to the power of its coefficient). 

Now that may be somewhat wordy, so here it is using a generic chemical equation: 

wA + xB <===> yC + zD 

Following the word definition above, we have this: 
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A, B, C, and D are the chemical substances. x, y, w and z are the coefficients. 

I'll do it again, this time using a specific chemical equation: 

2 SO2 + O2 <===> 2 SO3 

And the answer is: 
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The above is called an equilibrium expression. Waage and Guldberg had a different way of writing it. Please trust the ChemTeam when I say that the above, modern way of writing an equilibrium expression says exactly the same thing as the way they phrased it. 

By the way, you may notice that the terms products and reactants are somewhat blurred in an equilibrium situation. The agreed upon convention is to use the reaction AS WRITTEN and call the left side "reactants" and the right side "products." 



Practice Problems 

Write an equilibrium expression for each of the following reactions. 

1) 3 O2 <===> 2 O3 

2) N2 + 3 H2 <===> 2 NH3 

3) H2 + I2 <===> 2 HI 

4) PCl5 <===> PCl3 + Cl2 

5) SO2 + (1/2) O2 <===> SO3 



Here is what Guldberg and Waage wrote in 1864: 

If we maintain that for a given chemical process two opposing forces are in effect, one which strives to form new substances and one which strives to restore the original compounds from the new, it is enlightening that, when in the chemical process these forces become equally large, the system is in equilibrium. That the same equilibrium state occurs under the same conditions, whether one goes one way or the other in the process, lies in the nature of the matter. 

Notice that an equilibrium condition requires a reaction which can run in two opposing directions. These types of reactions are called reversible. Also, notice the criterion for equilibrium: the reaction rates (using the modern term) of the two reactions (forward and reverse) ARE THE SAME. 

Calculating the Equilibrium Constant from Equilibrium Conditions

The easiest way to explain is by an example problem or two: 

1) Calculate the equilibrium constant (Keq) for the following reaction: 

H2 + I2 <==> 2 HI when the equilibrium concentrations at 25 °C were found to be: 

[H2] = 0.0505 M
[I2] = 0.0498 M
[HI] = 0.389 M 

So genius, how do you solve the problem? 

The first thing to do is write the equilibrium expression for the reaction as written in the problem. This is what to write: 
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Now, all you have to do is substitute numbers into the problem. Keq is what we want to find, so that's our "x." 

Here is what we get: 

x = (0.389)2 / [(0.0505) (0.0498)] 

Solving this and rounding to the correct number of sig figs (remember those??), we get 60.2 



Something of a side issue is what are the units of the Keq? For reasons beyond the scope of this lesson, the answer is none. The equilibrium constant does not have any units, it is just a pure number. 

For those of you who are knowledgable on this issue, please don't bother to flame me (or compliment me!). Thanks. 



Example #2 

The same reaction as above was studied at a slightly different temperature and the following equilibrium concentrations were determined: 

[H2] = 0.00560 M
[I2] = 0.000590 M
[HI] = 0.0127 M 

From the data, calculate the equilibrium constant. 

Same technique as above, write the equilibrium expression and substitute into it. The solve. So, we get this: 

x = (0.0127)2 / [(0.00560) (0.000590)] 

The answer is 48.8 



Time for a small lecture: Please be very careful in using your calculator to solve these problems. When I solved this problem while writing this tutorial (on December 28, 1998), I first got some really weird looking answer that didn't feel right, so I did it again. Sure enough, I have made an entry error somewhere in the problem. 

Underscoring my plea for carefulness is the difference between you and me in problem solving. The above problem is routine for me and solely on the basis of experience did I reject my first answer as being wrong (it "felt" wrong). You guys don't have that experience, so you don't have the feel. Yet!! 

So, BE CAREFUL. 

End of lecture 



Example #3: 

Using the same equation as above and with the following equilibrium concentrations: 

[H2] = 0.00460 M
[I2] = 0.000970 M
[HI] = 0.0147 M 

calculate the Keq. 

Solution: I'm not going to write the set-up, but I want you to write it down on your paper. Then solve it. The answer is 48.4. 

An important point: did you remember to square the numerator. This is the number one kid problem in solving these things - forgetting the exponent. 

The number two error is wanting to change the concentrations. For example, when [HI] = 0.0147, the kid will want to double it, saying "Well, there is a 2 HI in the equation. No, No, No!! Use the concentrations as given. 

One more discussion point: you may have noticed the Keq answers for #2 and #3 are slightly different when they are supposed to be the same. The answer: experimental error. One can never be perfect, so the values for Keq that get published are actually an average of many careful experiments. 

This is the next tutorial: Calculate Equilibrium Concentrations from Initial Concentrations. Notice that Keq (a more generic term) has been replaced in the tutorial by Kc. The "c" simply means "concentration." So Kc is an equilibrium constant based on concentration values. If you go on in chemistry (but not right now), you'll learn about Kp, where the "p" means "pressure." So Kp is an equilibrium constant based on pressure values. 

Calculate Equilibrium Concentrations from Initial Conditions

Calculating Kc from a known set of equilibrium concentrations seems pretty clear. You just plug into the equilibrium expression and solve for Kc.

Calculating equilibrium concentrations from a set of initial conditions takes more calculation steps. In this type of problem, the Kc value will be given

The best way to explain is by example. Just in case, the subscripted zero, as in [H2]o, means the initial concentration.



Given this equation:

H2 + I2 <===> 2 HI

Calculate all three equilibrium concentrations when [H2]o = [I2]o = 0.200 M and Kc = 64.0.

The solution technique involves the use of an ICEbox. Here is an empty one:

	  
	[H2] 
	[I2] 
	[HI] 

	Initial 
	  
	  
	  

	Change 
	  
	  
	  

	Equilibrium 
	  
	  
	  


The ChemTeam hopes you notice that I, C, E are the first initials of Initial, Change, and Equilibrium. Also, the ChemTeam hopes you notice the little joke in the term ICEbox. Now if you DID notice the little joke and wished you hadn't, well, the ChemTeam has no symphathy for you!! Oh well, back to chemistry!



Now, let's fill in the initial row. This should be pretty easy:

	  
	[H2] 
	[I2] 
	[HI] 

	Initial 
	0.200 
	0.200 
	0 

	Change 
	  
	  
	  

	Equilibrium 
	  
	  
	  


The first two values were specified in the problem and the last value ([HI] = 0) come from the fact that the reaction has not yet started, so no HI could have been produced yet.



Now for the change row. This is the one that causes the most difficulty in understanding:

	  
	[H2] 
	[I2] 
	[HI] 

	Initial 
	0.200 
	0.200 
	0 

	Change 
	- x 
	- x 
	+ 2x 

	Equilibrium 
	  
	  
	  


The minus sign comes from the fact that the H2 and I2 amounts are going to go down as the reaction proceeds.

x signifies that we know some H2 and I2 get used up, but we don't know how much. What we do know is that an EQUAL amount of each will be used up. We know this from the coefficients of the equation. For every one H2 used up, one I2 is used up also.

The positive signifies that more HI is being made as the reaction proceeds on its way to equilibrium.

The two is important. HI is being made twice as fast as either H2 or I2 are being used up.

In fact, always use the coefficients of the balanced equation as coefficients on the "x" terms.

In problems such as this one, never use more than one unknown. Since we have only one equation (the equilibrium expression) we cannot have two unknowns.



The equilibrium row should be easy. It is simply the initial conditions with the change applied to it:

	  
	[H2] 
	[I2] 
	[HI] 

	Initial 
	0.200 
	0.200 
	0 

	Change 
	- x 
	- x 
	+ 2x 

	Equilibrium 
	0.200 - x 
	0.200 - x 
	2x 




Now we are are ready to put values into the equilibrium expression. For convenience, here is the equation again:

H2 + I2 <===> 2 HI

The equilibrium expression is:

Kc = [HI]2 / ([H2] [I2])

Plugging values into the expression gives:

64.0 = (2x)2 / ((0.200 - x) (0.200 - x))

Two points need to be made before going on:

1) Where did the 64.0 value come from? It was given in the problem.
2) Make sure to write (2x)2 and not 2x2. As you well know, they are different. This mistake happens a LOT!! 

Both sides are perfect squares (done so on purpose), so we square root both sides to get:

8.00 = (2x) / (0.200 - x)

From there, the solution should be easy and results in x = 0.160 M.

This is not the end of the solution since the question asked for the equilibrium concentrations, so:

[H2] = 0.200 - 0.160 = 0.040 M
[I2] = 0.200 - 0.160 = 0.040 M
[HI] = 2 (0.160) = 0.320 M 

You can check for correctness by plugging back into the equilibrium expression:

x = (0.320)2 / ((0.040) (0.040))

Since x = 64.0. we know that the problem was correctly solved.



Now for a second example. This example will involve the use of the quadratic formula. (Pause for whining and moaning. Go ahead, get it out of your system! Now, back to chemistry.)

Given this equation:

PCl3 + Cl2 <===> PCl5
Calculate all three equilibrium concentrations when Kc = 16.0 and [PCl5]o = 1.00 M.

Here is the completed ICEbox:

	  
	[PCl3] 
	[Cl2] 
	[PCl5] 

	Initial 
	0 
	0 
	1.00 

	Change 
	+ x 
	+ x 
	- x 

	Equilibrium 
	x 
	x 
	1.00 - x 


The equilibrium expression is:

Kc = [PCl5] / ([PCl3] [Cl2])

Substituting gives:

16.0 = 1.00 - x / (x times x)

After suitable manipulation (which you can perform yourself), we arrive at this quadratic equation in standard form:

16x2 + x - 1 = 0

Using the quadratic formula, which is x = (- b ± square root[b2 - 4ac]) / 2a, we obtain:

x = (- 1 + square root[12 - (4) (16) (-1)]) / 32

After suitable calculations, we find x = 0.221.

Please notice that the negative root was dropped, because negative b turned out to be negative one. The answer obtained in this type of problem CANNOT be negative.

Why?

Because we are dealing with the amount of a physical substance in mol / L. Amounts of substances are always represented with positive numbers. An amount of a substance with physical reality cannot be represented with negative numbers.

Determine the equilibrium amounts and checking for correctness by inserting back into the equilibrium expression is left to the student.



The third (and last) example will be one in which both roots give positive answers. The question then becomes how to determine which root is the correct one to use.

Given this equation:

COCl2 <===> CO + Cl2
Calculate all three equilibrium concentrations when Kc = 0.680 with [CO]o = 0.500 and [Cl2]o = 1.00 M.

Here is the completed ICEbox:

	  
	[COCl2] 
	[CO] 
	[Cl2] 

	Initial 
	0 
	0.500 
	1.00 

	Change 
	+ x 
	- x 
	- x 

	Equilibrium 
	x 
	0.500 - x 
	1.00 - x 


The equilibrium expression is:

Kc = ([CO] [Cl2]) / [COCl2]

Substituting into the expression gives:

0.680 = ((0.5 - x) (1 - x)) / x

After some manipulation (left to the student), we arrive at this quadratic equation, in standard form:

x2 - 2.18x + 0.5 = 0

Using the quadratic formula, we have this to start:

x = ( 2.18 ± square root[(2.18)2 - (4) (1) (0.5)] ) / 2

After some manipulation (left to the student), we arrive at:

(2.18 ± 1.66) / 2

Both roots yield positive values, so how do we pick the correct one?

The answer lies in the fact that x is not the final answer, whereas (0.5 - x) is. It is the term (0.5 - x) which must be positive.

So the root of 1.92 is rejected in favor of the 0.26 value and the day is saved!!

Now, wasn't working through that set of examples fun!!

Henri LeChatelier's Principle



In 1888, LeChatelier gave a succinct statement of the principle he had announced 4 years prior. It is: 

Every change of one of the factors of an equilibrium occasions a rearrangement of the system in such a direction that the factor in question experiences a change in a sense opposite to the original change. 

Before going on to a more recent restatement, let's examine some important points gleaned from LeChatelier's words. 

1. For LeChatelier's Principle to work, the chemical system MUST be at equilibrium first. Remember this means that there is no change in any of the concentrations of the substances involved. 

2. Some type of change is involved in a factor that affects equilibrium. There are several factors and they are discussed below. The changes will involve increasing or decreasing something which affects the equilibrium. 

3. In response to this change, the old equilibrium will rearrange itself. This means changing the old equilibrium concentrations to a new set of values without changing the Keq value. However, we will find that the Keq does change in value when the change involves temperature. 

4. The last point is about the word "opposite." By this we mean that if something is increased, the induced change will be for something to decrease. Of course, the reverse case is also true. 

Two examples of modern definitions are: 

If a stress is applied to a system at equilibrium, then the system readjusts, if possible, to reduce the stress. 

If a system at equilibrium is subjected to a stress, the equilibrium will shift in attempt to reduce the stress. 

The four points discussed above are incorporated into each definition, it's just that sometimes it is implied, like the idea of "opposite." Most modern defnitions are very similar to these two in their wording. 

Before going into a mess of examples, here are the factors that affect a chemical reaction at equilibrium. 

Changes in: 

1) concentration change 

a) up
b) down 

2) temperature 

a) up
b) down 

3) pressure 

a) lower the pressure by increasing the volume
b) raise the pressure by decreasing the volume
c) raise the total pressure by adding an inert (non-reacting) gas 

4) adding a catalyst 

Please keep in mind that the above changes would be imposed on a system already at equilibrium. 



Example #1 - which way will the equilibrium shift if more H2 is added to this reaction at equilibrium: 

N2 + 3 H2 <==> 2 NH3 

Answer - the H2 amount goes up (by adding it), therefore according to LeChatelier's Principle, the reaction will try and use up the added H2. It does so by shifting the position of equilibrium to the right. This makes more NH3 by using up N2 and H2 



Example #2 - using the same reaction, which way will the equilibrium shift if some NH3 is removed from the reaction when it is at equilibrium. 

Answer - according to LeChatelier's Principle, the chemical system will attempt to replace the lost NH3. The stress was to remove NH3, so the opposite is to replace it. The equilibrium position will shift to the right in order to replace some of the lost NH3. 



Example #3 - which way will the equilibrium shift if the system temperature goes up (heat is added): 

2 SO2 + O2 <==> 2 SO3 + heat 

Answer - even though heat is not a chemical substance, for the purposes of LeChatelier's Principle, you can treat it as if it has physical existence. Since heat is added, the reaction will shift to try and use up some of the added heat. In order to do this, the reaction must shift to the left. 

Note that, since heat is not part of the equilibrium expression, the value of Keq would change when the chemical system is heated or cooled. 



Example #4 - using the same reaction, which way will the equilibrium shift if heat is removed (that is, the temperature goes down). 

Answer - the reaction will attempt to do the opposite of what the stress was. Since the stress was to remove heat, the reaction will shift to the right to generate more heat (replacing only a part of what was lost). 

Once again, the value of Keq would change, whereas in the other examples, its value WOULD NOT change. 



Pressure Changes and their Effect on Equilibrium. 

Remember that a pressure change potentially affecting the position of equilibrium can be accomplished three different ways. 

(1) Increasing the volume of the reaction container will reduce the pressure. (2) Reducing the volume of the reaction container will send the pressure up. (3) Introducing an inert gas like argon into the reaction container will increase the total pressure. 

Important point: the volume changes would affect ONLY the substances in a gaseous state. Liquid and solids would be unaffected by any volume changes. Since the below examples are all 100% gas phase, the position of the equilibrium will be changed, except in one particular circumstance, demonstrated in example #6. 



Example #5 - the container holding the following reaction (already at equilibrium) has its volume suddenly reduced by half. Which way will the equilibrium shift to compensate? 

PCl3 + Cl2 <===> PCl5 

Answer - since the volume went down, this means the pressure went up. The reaction will try to lessen the pressure by shifting to the side with the lesser number of gas molecules. This means a shift to the right because for every PCl5 molecule made, two molecules are used up. The lesser the total number of gas phase molecules in the container, the lesser the pressure. 



Example #6 - the container holding the following reaction (already at equilibrium) has its volume suddenly increased. Which way will the equilibrium shift to compensate? 

H2 + Cl2 <===> 2 HCl 

Answer - neither side is favored over the other since both sides have the same number of total molecules (two). No matter which way the reaction shift, the total number of molecules would remain unchanged. 

In cases like this, where there is an equal number of molecules on each side, the equilibrium would remain unchanged by the change in pressure (in either direction). 

Example #7 - the system below is already at equilibrium when some neon is added to the system. What happens to the position of the equilibrium? Does it shift right, left, or no change? 

H2 + Cl2 <===> 2 HCl 

The neon DOES NOT participate in the chemical reactions (forward and reverse) which make the equilibrium. Therefore, the presence of the inert gas has NO EFFECT on the position of the equilibrium. The [H2], [Cl2] and [HCl] would all remain unchanged. 



Example #8 - the system below is already at equilibrium when a catalyst is added to the system. What happens to the position of the equilibrium? Does it shift right, left, or no change? 

PCl3 + Cl2 <===> PCl5 

Answer - there will be no change in the equilibrium. BOTH (with emphasis on both) the forward and the reverse reactions are speeded up. A catalyst just gets you to equilibrium faster, it doesn't affect the final position of equilibrium like changing the concentration would. 

