
DETERMINATION OF THE EQUILIBRIUM CONSTANT FOR

THE HYDROLYSIS OF AN ESTER
NAME:___________________________________ COURSE:_________ PERIOD:______

Prelab

1. A solution containing 1.000M acetic acid (CH3COOH) and 1.000M ethyl alcohol (CH3CH2OH) at 150oC produced 0.171 mole/liter of the product ethyl acetate (CH3COOCH2CH3) when equilibrium was established. Determine Kc for the reaction.

CH3COOH (aq)  + CH3CH2OH (aq)  (  CH3COOCH2CH3 (aq)   +  H2O (l)
2. Using the equilibrium constant from above, calculate the equilibrium concentrations of all the compounds in the reaction if 1.000M acetic acid is reacted with 2.000M ethyl alcohol. Assume the temperature remains constant.

3. The density of a solution of 3.00M HCl solution is 1.05 g/ml. Calculate the mass of water present in 5.00 ml of the solution.

DETERMINATION OF THE EQUILIBRIUM CONSTANT FOR 

THE HYDROLYSIS OF AN ESTER
I. Theory:


In order to determine the equilibrium constant for a reaction, it is necessary to know the initial concentrations of the reactants and products and to be able to determine the equilibrium concentration of one of the compounds. Using the stoichiometry of the reaction and the change in concentration of that compound, the changes in concentration and the equilibrium concentrations of all the other reactants and products can be determined. From these equilibrium concentrations, the equilibrium constant for the reaction can be determined. 


The purpose of this experiment is to determine the equilibrium constant for the following hydrolysis of an ester reaction:


CH3COOCH2CH3 (aq)    +  H2O (l)   (  CH3CH2OH (aq)   +    CH3COOH (aq)

Ethyl Acetate                   Water               Ethanol                    Acetic Acid


(EtAc)                                                       (EtOH)                    (HAc)


The equilibrium constant, Kc, for the reaction will have the following expression:
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Several reaction mixtures will be prepared with different initial amounts of ethyl acetate and water so that an average value of the equilibrium constant can be determined. A fixed amount of 3.00M HCl will be added to each reaction mixture as a catalyst. When the mixtures have reached equilibrium, the solutions will be titrated with a standard solution of NaOH. The titration will allow us to calculate the total moles of acid, HCl and acetic acid, present in the flask. Each of the acids is monoprotic and reacts by the following reactions: 


HCl (aq)    + NaOH (aq)   (    H2O (l)   +   NaCl (aq)

CH3COOH (aq)    +   NaOH (aq)   ( H2O (l)    + CH3COONa (aq)

Since the moles of HCl are constant, we can calculate the moles of acetic acid present at equilibrium. Flask 1 will contain only HCl and will be used to calculate the moles of HCl added to each of the remaining flasks. Since the coefficients of each of the reactants and products are one and if we keep the total volume of the reaction mixture constant, we can substitute the equilibrium number of moles of a compound for the equilibrium concentration of that compound in the Kc expression.

II. Procedure:


Obtain and label five clean, dry, screw-top scintillation vials. Using a buret, carefully measure (to the nearest 0.01 mL) the amounts of the reactants indicated in the Data Table into each flask. It is very important that the volumes be measured carefully and that the same amount of HCl solution be added to each flask. Cap the vials tightly and swirl the vials to mix the compounds thoroughly. Don’t invert the vials or shake the vials since you may get compound under the seal in the vial. Some of the vials may have two layers in them. Allow the flasks to stand at room temperature until they reach equilibrium. Swirl the vials once a day until lab day to help insure thorough mixing. The next day or after they have reached equilibrium, transfer each to a 125 mL Erlenmeyer flask. Use some distilled water to rinse the vial and add the rinsing to the 125 mL Erlenmeyer flask. Add 25 mL of distilled water to increase the total volume and a few drops of phenolphthalein indicator. Titrate each solution with a standardized solution of NaOH (approx. 1.00M) until a pale pink endpoint is achieved. Be sure to record the initial and final buret readings and the concentration of the NaOH solution.

III. Calculations:

1. Calculate the moles of NaOH using the volume of NaOH used in the titration and the standardized molarity of the NaOH.

2. Calculate the total moles of acid in each vial.

3. Using the moles of HCl determined by the titration of vial 1, calculate the equilibrium moles of acetic acid.

4. Calculate the initial mass of ethyl acetate using its volume and density.

5. Calculate the initial moles of ethyl acetate.

6. In calculating the initial mass of water, one must take into account not only the mass of the pure water that was added but also the water that was present in the HCl solution. To calculate the water in the HCl solution, first calculate the mass of the HCl solution using the volume of the solution and its density. Using the moles of HCl, determined by the titration of Flask 1, and the molecular mass of HCl, calculate the actual mass of pure HCl in the solution. Subtract the mass of the pure HCl from the mass of the HCl solution to obtain the mass of the water in the HCl solution. Add the mass of the pure water to the mass of the water in the HCl solution to give the total initial mass of the water. Assume the density of water is 1.00 g/mL.

7. Calculate the initial moles of water.

8. Using the initial moles of ethyl acetate and water and the equilibrium moles of acetic acid, create charts showing the initial number of moles, the change in number of moles, and the equilibrium number of moles of all the reactants and products in vials 2-5.

9. Calculate the equilibrium constant for the reaction from the data for vials 2-5.

10. Calculate the average equilibrium constant for the reaction using the data for each of vials 2-5.

11. Calculate the deviation and average deviation for the experimental equilibrium constants from the average value.

Post Lab Questions:

1. Show your calculations for the equilibrium constant for vials 2-5.

2. Discuss any sources of error that might have arisen in the experiment.

DETERMINATION OF THE EQUILIBRIUM CONSTANT FOR THE HYDROLYSIS OF AN ESTER

NAME:____________________________________________________________ COURSE:________


PARTNER’S NAME:________________________________________________ PERIOD:_________

Data Table

Density of EtAc: 0.9003 g/ml 

Density of the 3M HCl solution:__________

	
	Vial 1
	Vial 2
	Vial 3
	Vial 4
	Vial 5

	mL 3.00M HCl
	5.00
	5.00
	5.00
	5.00
	5.00

	mL H2O
	5.00
	0.00
	1.00
	2.00
	3.00

	mL EtAc
	0.00
	5.00
	4.00
	3.00
	2.00

	Initial mass EtAc (g)
	
	
	
	
	

	Initial moles EtAc
	
	
	
	
	

	Mass H2O in the 3.00M HCl (g)
	
	
	
	
	

	Total Initial mass H2O (g)
	
	
	
	
	

	Initial moles H2O
	
	
	
	
	

	Final buret reading (ml)
	
	
	
	
	

	Initial buret reading (ml)
	
	
	
	
	

	mL of NaOH solution used
	
	
	
	
	

	L of NaOH solution used
	
	
	
	
	

	Molarity of the NaOH solution
	
	
	
	
	

	Moles of NaOH used
	
	
	
	
	

	Total moles of acid
	
	
	
	
	

	Moles of HCl


	
	
	
	
	

	Moles of HAc at equilibrium
	
	
	
	
	

	Moles of EtOH at equilibrium
	
	
	
	
	

	Value for Kc


	
	
	
	
	

	Average value for Kc
	
	
	
	
	

	Deviation from Average value
	
	
	
	
	

	Average deviation
	
	
	
	
	


	
	
	Vial 2
	
	

	
	EtAc
	H2O
	EtOH
	HAc

	Initial Moles


	
	
	
	

	Change in Moles


	
	
	
	

	Equilibrium Moles


	
	
	
	

	Equilibrium Constant Kc
	
	
	
	


	
	
	Vial 3
	
	

	
	EtAc
	H2O
	EtOH
	HAc

	Initial Moles


	
	
	
	

	Change in Moles


	
	
	
	

	Equilibrium Moles


	
	
	
	

	Equilibrium Constant Kc
	
	
	
	


	
	
	Vial 4
	
	

	
	EtAc
	H2O
	EtOH
	HAc

	Initial Moles


	
	
	
	

	Change in Moles


	
	
	
	

	Equilibrium Moles


	
	
	
	

	Equilibrium Constant Kc
	
	
	
	


	
	
	Vial 5
	
	

	
	EtAc
	H2O
	EtOH
	HAc

	Initial Moles


	
	
	
	

	Change in Moles


	
	
	
	

	Equilibrium Moles


	
	
	
	

	Equilibrium Constant Kc
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