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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 effects of temperature and concentration 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).  An increase in concentration of a reactant will always favor the forward reaction since more molecules are available to react to form products.  Alternately, an increase in the concentration of product will favor the reverse reaction to reform the reactants.  

The reaction being studied is:

CoCl42-(al)  +  6 H2O(al)   ↔    Co(H2O)62+(al)  +  4 Cl-(al)  + energy

  Blue



        Pink

This reaction is exothermic in the forward reaction (produces Co(H2O)62+), and endothermic in the reverse reaction (produces CoCl42-).  This is because Co(H2O)62+ is more stable than CoCl42- (the bonds in the Co(H2O)62+ are stronger than the bonds in the CoCl42-).

We can expect that if the temperature of the above system is increased, that the reaction will shift reverse to favor the endothermic reaction and form the blue CoCl42- ion.  Alternately, if the temperature of the above system is reduced, the forward (exothermic) reaction will be favored and the pink Co(H2O)62+ will be produced. Also, we can predict that an increase in the concentration of water will cause the reaction to favor the formation of pink Co(H2O)62+due to an increase in the number of water molecules available for reaction.  We can also predict that an increase in the concentration of chloride ions will favor the reverse reaction and form the blue CoCl42-due to an increase in the number of chloride ions available for the reverse reaction.

Refer to the following link for a simulation to show the effects of temperature and concentration on this equilibrium system: 

(Credit to Tom Greenbowe)

http://www.chem.iastate.edu/group/Greenbowe/sections/projectfolder/animations/CoCl2equilV8.html
Materials:

two 600 mL beakers

two 500 mL Erlenmeyer flasks

hot plate

concentrated HCl

2-propanol (isopropyl alcohol)

absolute ethanol (or 95% will do)

ice bath

Procedure:

1. In one 600 mL beaker, dissolve 10 g of cobalt(II)chloride (CoCl2) in 500 mL of ethanol (Solution A).  
2. In the other 600 mL beaker, dissolve 10 g of cobalt(II) chloride (CoCl2) in 500 mL of water (Solution B).
3. Have students note the colors of the solutions in each beaker and record their observations. They should also be able to infer what substance is in the beaker based on the colour.
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4. Slowly add just enough water to the blue ethanol solution (solution A) to change the color to pink (predominantly (Co(H2O)62+).   Again, students should be able to infer what substance is in the beaker based on the colour. 

5. Divide this pink solution into two equal volumes in the 500 mL Erlenmeyer flasks.  Add concentrated HCl to one flask until the blue color reappears (predominantly CoCl42–).  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. 

6. Based on their observations what changes can they infer have occurred?  Why has this change occurred?  Have students explain their answer in terms of Le Chatelier’s Principle.

7. Heat the other portion of the pink solution (predominantly (Co(H2O)62+) on the hot plate until it turns blue again (predominantly CoCl4 2–).  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. 

8. Based on their observations what changes can they infer have occurred?  Why has this change occurred?  Have students explain their answer in terms of Le Chatelier’s Principle.

9. Illustrate reversibility by placing the hot blue solution (predominantly CoCl4 2–) in an ice bath to restore the pink color (predominantly (Co(H2O)62+).

10. Based on their observations what changes can they infer have occurred?  Why has this change occurred?  Have students explain their answer in terms of Le Chatelier’s Principle.

(*Note:  A similar solution can be prepared directly by mixing 20 mL of 0.50 mol/L cobalt(II)chloride solution with 16 mL of saturated NaCl solution.  When this mixture is chilled in cold water, it turns pink, and when heated on a hot plate, will turn blue.  The process may be repeated at will.) 

11.   Use collision theory to explain what happens when the concentration of a reactant is increased in a system at equilibrium.

12.   Use collision theory to explain what happens when the concentration of a product is increased in a system at equilibrium.

13.  In step 2 of the procedure, 10 g of CoCl2 were dissolved in 500 mL of water.  Calculate the number of molecules this represents.

Summary:

When dissolved in water, a cobalt (II) ion will bond to six water molecules to form the complex ion, Co(H2O)62+. The resulting solution has a pink color. Addition of chloride ions will cause the formation of the tetrachlorocobalt (II) complex ion (CoCl42–). The resulting CoCl4 2– solution will have a blue color. The equilibrium between the cobalt (II) ion and the tetrachlorocobalt (II) ion is as follows:

CoCl42-(al)  +  6 H2O(al)   ↔    Co(H2O)62+(al)  +  4 Cl-(al)  + energy

  Blue



        Pink

Increasing the concentration of chloride ions (from aqueous HCl) will increase the concentration of a product (Cl–), causing the equilibrium to shift reverse due to the extra chloride ions reacting with the Co(H2O)62+ . Whereas, increasing the amount of water will increase the concentration of a reactant (H2O), causing the equilibrium to shift forward, due to the extra H2O molecules reacting with the CoCl42-. A color change will indicate the shift in equilibrium. 

Also, increasing the temperature favors the endothermic reaction (reverse in this case), while decreasing the temperature favors the exothermic reaction (forward in this case).
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