Determination of the Empirical Rate Law for a Chemical Reaction.

Objective: To determine an empirical rate law for the iodine clock reaction, to calculate a rate constant for the reaction, and to evaluate several proposed mechanisms using the empirical rate law

Introduction:
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Consider an arbitrary chemical reaction with a balanced chemical equation of
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For this reaction, we can define the rate of the reaction as
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Where [Xi] is the molar concentration of species I, t is time and i is the stoichiometric coefficient of species I in the balanced chemical equation.  Recall that by definition stoichiometric coefficients are positive for products and negative for reactants.  Thus all measured rates will be positive.  The rate of a reaction will depend on the concentration of some or all of the reactants and possibly the products as well as any catalysts present in the reaction mixture and in some cases solvent concentration.  The mathematical relationship between the rate of the reaction and the concentration of important species is called the empirical rate law.  A typical form for the rate law is
Where the exponent to which a particular concentration is raised is called the order of the reaction with respect to that species and the sum of all the exponents is called the overall order of the reaction.  Typically, the orders will be small integers but non-integer orders are also possible.  Two important points can be made about an empirical rate law for any reaction.  First we do not know in advance of an experimental determination which chemical species will appear in the rate law.  Second there is not necessarily any specific relationship between the order of a particular species and the stoichiometric coefficient of that species in the balanced chemical equation.  Because of these two limitations, a rate law must always be determined experimentally and can not be inferred from the balanced chemical equation.  

The overall sequence of events by which a set of reactant molecules is converted to the set of product molecules is called the reaction mechanism.  If the reactants are converted to products in a single step, the reaction is called an elementary reaction.  For an elementary reaction, only reactants appear in the empirical rate law and the orders of the species in the rate law are the same as the stoichiometric coefficients of the balanced chemical equation.  The large majority of reactions are not elementary.   For these reactions, the mechanism is usually described by a set of elementary reactions.  In many cases, one step in the set of elementary reactions will be much slower than the other steps.  This slow step is sometimes referred to as the rate-limiting step.  Often the orders of an empirical rate law are equal to the molecularity (number of each type of reactant molecule) of the rate-limiting step.  
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For instance, consider the hypothetical reaction, 3A +2B = 2D.  We might assume a two step mechanism where first one A and two B molecules combine in an elementary step to form a molecule of two molecules of C.  We will assume this is a rapid step.  Then in a slow elementary step, a molecule of C and a molecule A combine to for D.  If this mechanism is corrected, the empirical rate law should be 

based on the molecularity of the rate-limiting step.  The rate-limiting step is first order in A and first order in C and is overall bimolecular.  Although a rate law may contain reactants, products, solvent, and catalysts, by convention it should not contain short-lived intermediates since the experimentalist may not be able to measure the concentration of such an intermediate.  For our example, C is such an intermediate.  However, since the first step in our mechanism is fast, we can assume it comes to equilibrium and can write down an appropriate equilibrium constant expression.            
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We can substitute this expression into our proposed rate law and simplify to get
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         where       
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If our mechanism is correct, we would predict an overall order of 5/2 and a reaction that is first order in B and 3/2 order in A.  If the empirical rate law does not conform to these predictions, our proposed mechanism must be wrong.  On the other hand, agreement between an empirical rate law and a rate law derived from a mechanism does not guarantee that our proposed mechanism is correct.  Several different mechanisms may yield the same predicted rate law.  

The reaction we will be studying in this experiment is the “Iodine Clock” reaction.  The balanced chemical equation for this reaction is 
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Previous work has indicated that the rate is a function of pH, iodide, and iodate concentration.  We will attempt to determine the order of each of these reactants.  To simplify the analysis of the data, we will measure an initial rate of iodate loss.   Since we are determining an initial rate, the concentrations of the reactants are essentially constant over the observation time.  Also we do not need to worry about the conversion of triiodide back into reactants since the triiodide concentration will be so small.  

Procedure

First prepare two buffer solutions with hydrogen ion concentrations differing by approximately a factor of two.  Buffer A is prepared by pipetting 100 mL of a 0.75 M sodium acetate solution, 100 mL of a 0.22 M acetic acid solution, and 20 mL of a 0.2% startch solution into a 500 mL volumetric flask and making up to the mark with distilled water.   The resulting solution should be approximately pH 5.0.  Buffer B is prepared by pipetting 50 mL of the 0.75 M sodium acetate solution, 100 mL of the acetic acid solution, and 10 mL of starch solution into a 250 mL volumetric flask and making up to the mark with distilled water. 

Once the buffers are prepared, begin making up the reaction mixtures.  A series of five different reaction mixtures should be prepared according to the following table

	Solution
	Trial 1
	Trial 2
	Trial 3
	Trial 4
	Trial 5

	H3AsO3
	5 mL
	5 mL
	5 mL
	5 mL
	5 mL

	Iodate
	5 mL
	10 mL
	5 mL
	5 mL
	Variable

	Buffer A
	65 mL
	60 mL
	40 mL
	0 mL
	Variable

	Buffer B
	0 mL
	0  mL
	0 mL
	65 mL
	Variable

	iodide
	25 mL
	25 mL
	50 mL
	25 mL
	Variable


For the fifth trial, the amount of any two of the reactant species should be changed relative to trial 1 with the total solution volume still equaling 100 mL.  All trials should be performed in duplicate or triplicate.  Be sure to note the concentrations of the arsenous acid, iodide, and iodate stock solutions.  

To make a run, pipette all solutions except KI into one Erlenmeyer flask and pipette the KI into a second flask.  Both flasks should then be equilibrated in a temperature bath and the temperature of the bath should be recorded.  Remove both flasks from the bath, Quickly pour the iodide solution into the other flask while simultaneously starting the stopwatch.  Mix the solution thoroughly and return the flask to the temperature bath.  Record the time it takes for a persistent color change to occur.  This may take several minutes for the first trial.  All other trial should change color more quickly than trial 1.  The blue color indicates the presence of the triiodide product.  In an essentially instantaneous reaction, the arsenous acid consumes the triiodide as it is produced.  Thus the color change is only observed after all the arsenous acid is gone.  Since we know exactly how many mole of arsenous acid were in the flask to begin with, we know exactly how many moles of triiodide were produced or equivalently how much iodate was consumed in the time between mixing and the color change.  The appropriate chemical reaction relating arsenous acid to iodate consumption is 
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Calculations
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Fill in the attached table giving actual initial concentrations of all reactants.  The hydrogen ion concentration can be determined based on the following formula

Where K = 1.753 x 10-5 and the activity coefficient is 0.626.  Use the number of moles of arsenous acid in the flask to calculate moles of iodate consumed.  From this, the total volume of solution, the stoichiometric coefficient for iodate, and the time taken for the color change, calculate the rate of the reaction for each run of each trial.  Use these initial rates to determine the order of each species in the rate law and the overall order of the reaction.  We can assume that the rate law is of the form 
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Thus our objective is to determine numerical values for the exponents, p, q and r.  This can be done by comparing the rate of trial in which only one species changes concentration.  For instance, in trials one and two only iodate concentration changes.  Therefore we can write that

The only unknown in this equation is the exponent p.  Once you have determined the orders for each reactant, calculate a rate constant for each determination of each trial.  Report the average rate constant along with a standard error.  

Discussion

Below you will find six proposed mechanisms for the iodine clock reaction.  Determine a predicted rate law for each mechanism.  Which mechanisms are consistent with your experimental data?

Proposed mechanisms

1) IO3- + 2I- + 2H+ = 2HIO + IO- (slow step with rate constant k followed by fast steps)

2) IO3- + H+ = HIO3 (fast to equilibrium with constant K)

I- + H+ = HI (fast to equilibrium with constant K’)

HIO3 + HI = HIO + HIO2 (slow step with rate constant k)

3) IO3- + I- + 2H+ = H2I2O3 (fast to equilibrium with constant K)

    H2I2O3 = I2O2 + H2O (fast to equilibrium with constant K’)

    I2O2 + I- = I3O2- (slow step with rate constant k)

4) IO3- + I- + 2H+ = H2I2O3 (fast to equilibrium with constant K)

   H2I2O3 = HIO2 + HIO (slow step with rate constant k)

5) IO3- + H+ = IO2+ + OH- (fast to equilibrium with constant K)

   OH- + H+ = H2O (fast to equilibrium with constant 1/Kw)

  IO2+ + I- = IOIO (fast to equilibrium with constant K’)

  IOIO + I- = I+ + 2IO- (slow with rate constant k)

6) IO3- + H+ = IO2+ + OH- (fast to equilibrium with constant K)

   OH- + H+ = H2O (fast to equilibrium with constant 1/Kw)

  IO2+ + I- = IOIO (fast to equilibrium with constant K’)

  IOIO + I- = IO+ + IO- (slow with rate constant k)

Name

Kinetics Lab Worksheet

Trial 1

	Compound
	Concentration (M) run 1
	Concentration (M) run 2

	Potassium Iodide
	
	

	Potassium Iodate
	
	

	Hydrogen Ion
	
	

	Arsenous acid
	
	


Moles of arsenous acid consumed  ___________________________

Moles of iodate reacted _________________________________

Time  (run 1)
___________________________    (run 2)  ________________________

Rate (run 1)   ____________________________    (run 2) ________________________

Trial 2

	Compound
	Concentration  (M) run 1
	Concentration (M) run 2

	Potassium Iodide
	
	

	Potassium Iodate
	
	

	Hydrogen Ion
	
	

	Arsenous acid
	
	


Moles of arsenous acid consumed  ___________________________

Moles of iodate reacted _________________________________

Time  (run 1) ____________________________    (run 2)  _______________________

Rate  (run 1) ____________________________    (run 2)  _______________________

Trial 3

	Compound
	Concentration (M) run 1
	Concentration (M) run 2

	Potassium Iodide
	
	

	Potassium Iodate
	
	

	Hydrogen Ion
	
	

	Arsenous acid
	
	


Moles of arsenous acid consumed  ___________________________

Moles of iodate reacted _________________________________

Time  (run 1)___________________________  ( run 2) __________________________

Rate (run 1) _____________________________( run 2)  _________________________

Trial 4

	Compound
	Concentration (M) run 1
	Concentration (M) run 2

	Potassium Iodide
	
	

	Potassium Iodate
	
	

	Hydrogen Ion
	
	

	Arsenous acid
	
	


Moles of arsenous acid consumed  ___________________________

Moles of iodate reacted _________________________________

Time (run 1) __________________
  (run 2)  _______________________________

Rate (run 1)____________________
   (run 2) ______________________________

Trial 5

	Compound
	Concentration (M) run 1
	Concentration (M) run 2

	Potassium Iodide
	
	

	Potassium Iodate
	
	

	Hydrogen Ion
	
	

	Arsenous acid
	
	


Moles of arsenous acid consumed  ___________________________

Moles of iodate reacted _________________________________

Time (run 1) __________________
  (run 2)  _______________________________

Rate (run 1)____________________
   (run 2) ______________________________

Order of Iodate  __________________________________

Order of Iodide __________________________________

Order of Hydrogen Ion _________________________________

Empirical Rate Law ___________________________________

Rate Constant __________________________________________

Standard Deviation ____________________________________

Standard Error _______________________________________

Include on a separate page some sample calculations

Also on a separate sheet, derive rate laws for the six proposed mechanisms
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