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Introduction:

In a chemical reaction, equilibrium is the state in which the rate of the forward reaction is equal to the rate of the reverse reaction.  A system will remain in equilibrium unless it is stressed or disturbed.  Le Chatelier’s Principle states that “when a stress is placed on a system at equilibrium, the system will shift to offset the stress applied”.  Changes in concentration, temperature or pressure can stress an equilibrium system and may cause a shift in the position of equilibrium. In this demonstration, the effect of temperature on an equilibrium system will be investigated.  An increase in temperature will cause a reaction to shift in a way that uses the excess heat (favors the endothermic reaction), while a decrease in temperature will result in a reaction shifting to produce heat (favors the exothermic reaction). 

The reaction being studied is:

2NO2(g)    ↔    N2O4(g)       ΔH  = -58.0 kJ/mol N2O4




Brown             Colorless

This reaction is exothermic in the forward reaction (produces N2O4), and endothermic in the reverse reaction (produces NO2).  This is because N2O4 is more stable than NO2 (the bonds in the N2O4 are stronger than the bonds in the NO2).
NO2 gas exists as a mixture of NO2 and N2O4 at equilibrium (giving it a yellow-brown color).  

In the forward reaction that releases heat, two NO2 molecules dimerize or combine to form N2O4. In the reverse reaction that requires heat, N2O4 decomposes into NO2 as shown in the graphic below:

  N2O4



  2NO2
In
2NO2(g)    ↔    N2O4(g)       ΔH  = -58.0 kJ/mol N2O4:  

Being that the reaction as written is exothermic (heat is produced in the forward reaction) we can expect that an increase in temperature in this system will cause the reaction to shift reverse (favor the endothermic reaction) to use the excess heat.  Thus, a decrease in temperature will cause a forward shift to produce heat, in an attempt to restore the original conditions of equilibrium.

Materials:

3 NO2/N2O4 gas tubes*

(*Note:  These tubes can be purchased from a chemical supply company, however, to prepare your own, treat copper turnings with concentrated nitric acid in a fume hood and collect in three vials (15 mL capacity) and seal the ends.  The color intensity in each vial should be about the same).  

Caution:  NO2 gas is extremely toxic!

400 mL beaker of ice water 

400 mL beaker of room temperature water

400 mL beaker of very hot or boiling water

Procedure (Demo):

1. Place the three NO2/N2O4 tubes in beakers of cold, room temperature and boiling water, respectively.  The depth of the color shown in the three vials is a direct indication of the extent of reaction in:

2NO2(g) ↔ N2O4(g)       ΔH  = -58.0 kJ/mol N2O4
At this stage students need not know this equation information. The tubes should look something like this:

                                Cold 
             Room temperature

     Hot
  


2. Have students compare the color of the gases in each vial and record their observations. Discuss the colours of the two nitrogen compounds. They should also be able to infer what substance is in each of the three vials based on the colour.

3. Illustrate reversibility by placing the tube in boiling water into the ice water.  Get students to ‘think visually’ about the changes that are occurring as the colour changes occur based on the illustrations shown above. That is, what process is being favoured in terms of what molecules are doing at a faster rate? Have them deduce an equilibrium equation based on the changes. Also ask them to consider what effect the addition and removal of heat have leading to the inclusion of the full balanced equation. That is two molecules of NO2(g) forming one molecule of N2O4(g).
4. Based on their observations what changes can they infer have occurred in the hot water?  Why has this change occurred?  Have students explain their answer in terms of Le Chatelier’s Principle.

5. Repeat by placing the tube in the boiling water back into the cold water.

6. What changes can they infer have occurred? Again get students to ‘think visually’ about the changes that are occurring as the colour changes occur based on the illustrations shown above and the balanced equation.  Why has this change occurred?  Have students explain their answer in terms of Le Chatelier’s Principle. 

7. The vials can also be removed from the hot and cold water and allowed to reach room temperature. Again they should also be able to infer what substance is in the vial based on the colour.  Again get students to ‘think visually’ about the changes that are occurring as the colour changes occur based on the illustrations shown above and the balanced equation.   Why has this change occurred?

8. Show students the NO2/N2O4 simulation described in the introduction:

http://www.chem.iastate.edu/group/Greenbowe/sections/projectfolder/animations/no2n2o4equilV8.html
Have students count the number of NO2 and N2O4 molecules at the beginning and at the end as directed in the simulation.  They will notice that the number of NO2 and N2O4 molecules are constant at 12 and 4, respectively, even though they have seen some NO2 molecules become N2O4 and vice versa.  Discuss with students that at equilibrium, reactions are still going on (as they can see in the simulation) but that the ratio of N2O4 to NO2 molecules remains constant.

9.    Students might suggest how other temperatures BETWEEN hot and cold might affect the equilibrium and connect this to the place of the equilibrium shift.

Summary:

Consider the following reaction:

2NO2(g) ↔ N2O4(g)       ΔH  = -58.0 kJ/mol N2O4

Chemical equilibrium is the point at which the rate of the forward reaction is equal to the rate of the reverse reaction. At this point, the concentrations of all species are constant because these processes are occurring at the same rate.

At equilibrium, as much N2O4 reacts to form NO2 as NO2 reacts to re-form N2O4, however, the number of molecules in each phase are NOT equal!
According to Le Chatelier’s Principle, a stress placed on a system at equilibrium will cause the equilibrium to shift to counteract the stress.  For example, a temperature increase in the above reaction will favor the reverse reaction to use the excess heat and form brown NO2 gas.  A temperature decrease in the above reaction favors the forward reaction to produce heat and form colorless N2O4 gas.
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