Kinetics of the Acid Decomposition of Thiosulfate Ion

Aqueous solutions of the thiosulfate ion are stable if neutral or basic, but decomposition sets in quickly when thiosulfate is dissolved in acid according to the equation below:

S2O32-(aq) + 2H+(aq) ( S(s) + SO2(g) + H2O(l).

Sulfur dioxide is a gas at room temperature, but it is very soluble in water, so no bubbles are seen as the reaction takes place.  However, there may be a slight sulfur odor.  Caution:  Students with known allergies to sulfur compounds should avoid breathing odors and skin contact with the thiosulfate solutions.  Sulfur is insoluble, however, and this decomposition reaction produces it in a very finely divided state.  The sulfur does not settle, but forms a colloidal suspension.  As a result, the solution becomes first cloudy, then opaque, as the reaction proceeds.

We can take advantage of the developing opacity of the reaction system to do a kinetics study of this decomposition.  A series of acidic thiosulfate solutions of the same volume and contained in identitical beakers are prepared and placed on a paper marked with a geometric figure resembling a Maltese cross.  Eventually precipitated sulfur renders the solution opaque.  The figure becomes invisible and timing stops.  After several trials, reaction times are correlated with the concentrations of acid and thiosulfate ion so that some estimate of the reaction mechanism can be made. 

Problem:  Can you determine the rate law that describes the decomposition of thiosulfate ions in an acidic environment, and calculate the values for the rate constant and activation energy?  What is a possible mechanism for the decomposition reaction?

Materials:
several 50 mL beakers



geometric figure as target


timing device, in seconds


graduated cylinders, burets or pipets

6 M HCl and 0.15 M Na2S2O3 solutions
distilled water for dilutions

magnetic stirrer and stirring bar

thermometer

Procedure:

1. For each trial listed on Table 1 below, pour the indicated volume of thiosulfate solution and water into a 50 mL beaker.  Place it on the geometric figure which you have placed on a magnetic stirrer, and drop in a tiny stirring bar.  Start the stirrer and adjust the speed of the stir bar to slowly mix the solution (~ 1 revolution per second).  Use the same mixing speed for all trials.

Table 1

	Trial
	Volume of thiosulfate (mL)
	Volume of Distilled Water (mL)

	1
	25.0
	0.0

	2
	20.0
	5.0

	3
	12.5
	12.5

	4
	10.0
	15.0


1. Rapidly pour in 5 mL of 6 M HCl into the beaker for Trail 1 and start your timing as the acid contacts the thiosulfate solution.  Continue timing until the geometric figure is obscured from view.  Remove the stirrer bar from the beaker and pour the mixture into the designated sulfur waste container, as directed by your teacher.  Wash the beaker and continue testing with Trials 2-4.  Note that the total volume of each reaction is 30 mL.  You always add 5 mL of acid to 25 mL of diluted thiosulfate solution.

2. Repeat the procedure, this time varying the amount of HCl solution as shown in Table 2, but keeping the thiosulfate constant.  Always pour 25.0 mL of thiosulfate solution into the beaker.  Then add 5.0 mL of diluted acid solution, timing as you did before.  Note that Trial 1 and Trial 5 are the same.


Table 2

	Trial
	Volume of acid (mL)
	Volume of Distilled Water (mL)

	5
	5.0
	0.0

	6
	4.0
	1.0

	7
	2.5
	2.5

	8
	2.0
	3.0


4.
Measure and record the room temperature at which the first 8 trials were conducted.  Now repeat the entire procedure with reagents that have been chilled in an ice bath.  Note the temperature of the ice bath.  It will be necessary to keep the solutions and glassware on ice to maintain a constant temperature.  During the trials, place the 50 mL beaker with the mixtures inside of a 250 mL beaker filled with ice and water on the magnetic stirrer.

Disposal:  All solutions should be poured into a waste container designated for sulfur waste.  Your teacher will add sodium carbonate to neutralize any excess HCl that remains.  Check with pH paper, and add more Na2CO3, as needed.  After 24 hours, decant the neutralized solution down the drain.  The solid sulfur precipitate can be wrapped in newspaper, placed inside a cardboard box, and disposed of in a landfill. (in the trash) 

The Report:

1. Present all experimental data in tabular form.

2. Draw the necessary graphs from which you can unambiguously determine the order of the decomposition reaction with respect to both the thiosulfate ion and hydrogen ion.

3. Determine the value of k, the rate constant, for this reaction and include the units for k.

4. Use the Arrhenius equation to calculate the activation energy, Ea, for this reaction.

5. Propose a mechanism that is consistent with your rate law.  Make sure you clearly identify which is the slow, rate-determining step.


Thiosulfate Kinetics Teacher Notes
S2O32-(aq)  +  2H+(aq)  ----->  S(s)  +  SO2(g)  +  H2O(l)

Based upon the chemical equation for the reaction in this experiment shown above, the rate law expression that represents the effects of changing the reactant concentrations on the overall reaction rate is:  

rate =  k[S2O32-(aq)]X[H+(aq)]Y   

The exponents “X” and “Y” are called the rate orders, and indicate how changing a reactants concentration effects the overall rate of reaction.  A zero order (exponent = 0) means that the rate does not change as the concentration of a reactant changes.  A first order (exponent = 1) means that changes in reactant concentration causes a proportional change in the rate.  For example, if the concentration is tripled, the rate of reaction is tripled, also.  A second order (exponent = 2) means that changes in reactant concentration causes a rate that is squared exponentially.  For example, if the concentration is tripled, the rate of reaction is 32 or 9 times faster.  By plotting the concentration values in each trial versus the reaction time, a zero order is indicated if the best-fit curve is linear.  If a plot of ln[ ] vs. time results in a linear relationship, then a first order is indicated.  If a plot of 1/[ ] vs. time results in a linear relationship, then a second order is indicated.  

A sample of the graphs created with Graphical Analysis 3.1™ in order to determine the rate order for the S2O32-(aq) at 22ºC is shown on the graphs below.  Using the Analysis pull down menu options, a linear fit equation has been added to the graph that appears to be most linear, which is the plot of 1/[S2O32-] vs. time.  This indicates the rate is second order in terms of S2O32-, therefore “X” = 2 in the rate law expression.  The rate constant value, k, can be determined from the slope of the best-fit line, which is 0.274 M-1s-1.
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Typical data for Trials# 5-8, when the concentration of the HCl(aq) is varied and the [S2O32-] remains constant, has little or no significant change.  Sample data from the experiment at 22ºC resulted in times of 61s, 63s, 62s and 65s for Trials# 5-8.  Since the [H+] in Trial# 5 is twice that in Trial# 7, but the reaction times are basically the same, the rate order is zero (“Y” = 0).

Therefore, the experimentally determined rate law for this experiment is:

rate =  k[S2O32-(aq)]2[H+(aq)]0
or
rate =  0.274 M-1s-1[S2O32-(aq)]2
The value of the rate constant, k, is equal to the slope of the best-fit line for the plot of 1/[S2O32-] vs. time.
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Changing the temperature for the experiment will not change the rate orders for the reaction, but the value of the rate constant, k, will increase with temperature.  When the experiment was repeated at 1ºC, the k value was 0.165.  By using the Arrhenius Equation, the activation energy, Ea, can be calculated following the steps below:

Reaction mechanisms can be proposed to try to determine the possible steps involved during the chemical reaction.  The slowest step that occurs is called the rate determining step, since it controls the overall reaction rate.  Steps usually involve only one or two molecules that are changing at the same time.  Somtimes intermediate products are formed, which are later consumed in a subsequent reaction.  The overall reaction must be equal to the balanced, net ionic equation, which for this lab is:  

S2O32-(aq) + 2H+(aq) ( S(s) + SO2(g) + H2O(l).  

A proposed reaction mechanism for the decomposition of thiosulfate ions is listed below:

Step #1:
2 S2O32-  (  S4O64- 


(slow step)

Step #2:
S4O64-  (  S3O44-   +  SO2    

(fast step)

Step #3:
S3O44-  +  H1+  (  S2O32-  +  HOS1-   (fast step)

Step #4:
HOS1-  +  H1+  (  H2O  +  S  
(fast step)

Since Step #1 is the slow, rate-determining step, the overall reaction is based upon Step #1; 

rate =  k[S2O32-]2.

Disposal:  All solutions should be poured into a waste container designated for sulfur waste.

Add sodium carbonate to neutralize any excess HCl that remains.  Check with pH paper, and add more Na2CO3, as needed.  After 24 hours, decant the neutralized solution down the drain.  The solid sulfur precipitate can be wrapped in newspaper, placed inside a cardboard box, and disposed of in a landfill. (in the trash) 

