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Experiment IV – Chemical Kinetics 2019 

 
Purpose: Determine the rate law for the reaction of hypochlorous acid with iron (II). 
Reading: Brown, et. al., Chemistry The Central Science, sections 14.1–14.4, and 20.1-20.2. 
 
Pre-Lab Assignment:  A) Balance the redox reaction: 
 
Fe2+  + HOCl à Fe3+ + Cl-   (in acid and basic solution) 
 
B) Calculate the half-life of Fe2+ in a solution of 4 µM Fe2+ and 10 µM HOCl.   Notice that the 
HOCl >> Fe2+ so the HOCl concentration will not change appreciably in the reaction. 
 
 
Introduction 
 
Last week we measured the concentration of HOCl in campus drinking water and found that water 
“fresh” from the city water line had significantly higher hypochlorous acid.   It makes sense that 
chlorine would be reactive since it is the reaction of chlorine (in equilibrium with hypochlorous 
acid) with the surface of cells that kills harmful bacteria.   If chlorine was slow to react it would 
also be slow to disinfect.    However, sometimes other components in the water will react with 
chlorine before it can act as a disinfectant, reducing the effectiveness of water treatment.  Ferrous 
iron, Fe2+, is common in ground water and can act as an abiotic sink for chlorine in water treatment.   
In this lab we will measure the rate of the reaction between hypochlorous acid and Fe2+. 

 
The kinetics of this reaction can be monitored with a spectrophotometer by observing the decrease 
in Fe2+ concentration with time.    

dFe2+/dt = k1 [Fe2+]X[HOCl]Y       (1) 
 

where k1 is the reaction rate constant (1.7x104 mol-1s-1)1 and [Fe2+] or [HOCl] indicate molar 
concentrations. 
 
Chemical Kinetics 
Chemical reactions occur at rates ranging from millions of years for many geologic weathering 
reactions to nanoseconds for gas-phase free radical reactions.  For example, the rusting of iron is 
fairly slow, whereas the decomposition of TNT proceeds explosively fast. Experiments have 
shown that the rate of a homogeneous reaction in solution depends upon the nature of the reactants, 
their concentrations, the temperature of the system, and the use of catalysts.  
 
 Consider the hypothetical reaction: 

A + B         C + D 
 

The rate of this reaction may be measured by observing the rate of disappearance of the reactants 
A or B, or the rate of appearance of the products C or D.  Which species is observed is a matter of 

                                                
1 Folkes, Lisa K., Candieas, L. P., and Wardman, P. (1995) Kinetics and Mechanisms of Hypochlorus Acid 
Reactions. Archives of Biochemistry and Biophysics, 323(1): 120-126. 
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convenience.  For example if A, B, and C are colorless and D is colored, the rate of appearance of 
D can be conveniently measured by observing an increase in the intensity of the color of the 
solution as a function of time.  Mathematically, the rate of reaction may be expressed as follows: 
 
 
 
 
 
 
 
 
 
 
 
 
 
 In general, the rate of the reaction depends upon the concentration of one or more of the 
reactants.  Thus, the rate of the hypothetical reaction above may be expressed as: 

Rate = k[A]x [B]y 

 

where [A] and [B] are the molar concentrations of A and B, x and y are the powers to which the 
respective concentrations must be raised to describe the rate, and k is the specific rate constant. 
The values of x and y must be determined experimentally. For example, if x = 2 and y = 1, then 
the rate law is: 

Rate = k[A]2[B] 
 

This reaction is first order in B, meaning that doubling the concentration of B while keeping A 
constant causes the reaction rate to double. Simultaneously, this reaction is second order in A, 
meaning that doubling the concentration of A while keeping B constant causes the rate to increase 
by a factor of four since the rate of the reaction is proportional to the square of the concentration 
of A. The overall order of the reaction is the sum of the exponents: or third order in this case. It is 
possible to determine these orders experimentally by noting the effects of changing reagent 
concentrations on the rate of the reaction. The specific rate constant, k, has a definite value that is 
independent of the concentration. The rate constant is characteristic for a given reaction and varies 
only with temperature. Once the rate is known for a given set of concentrations, the value of k can 
be calculated. 
 
For our reaction of interest, the rate law will be determined by spectrophotometrically measuring 
the amount of reactant disappearing as a function of time. The rate constant k will be determined 
for the rate law: rate = k[A]x [B]y.  
 
We will measure Fe2+ in our reaction by adding the Fe2+ reagent, ferrozine, to our samples.   This highly 
conjugated molecule forms a strong complex with Fe2+ that is intensely purple.   The formation of the 
complex quenches the reaction of Fe2+ with HOCl and produces a stable colored solution that we can 
measure using our spectrophotometers. 
 

Rate of disappearance of A =  
 

Change in the concentration of A  

Change in time 

= D[A] 

Dt 

- 

Rate of appearance of D = Change in the concentration of D  = 

Change in time 

 D[D] 

Dt 
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Figure 1. Structure of Ferrozine 

 

 
Figure 2. Structure of iron(II) ferrozine complex (iron is the pink atom in the middle) 

 
 
Measuring the Decrease in Fe(II) 
The most convenient means of monitoring the rate of our reaction is to monitor the loss of Fe(II) 
over time. Equation (2) shows that the rate of the reaction is equal to the opposite of the change in 
concentration of iron over time.   
 
 
 rate =                  = k [Fe2+]x [HOCl]y    (2) 
 
 
A practical approach to find the order of the chemical reaction is to vary the concentration of one 
reactant while leaving the concentration of the other reactant constant.  If  [HOCL]>>[Fe2+] we 
can assume that [HOCl] is constant. 
 
 
 
 rate =                  = k [constant][Fe2+]x  =k’[Fe2+]x  (3) 
 
 
where k’ is the effective rate at a constant value of [HOCl].    
 
     k’ = k[HOCl]      (4) 
 
We will determine k’ in a series of experiments where [HOCl] is constant and [HOCl]>>[Fe2+].     
 

-d[Fe2+] 
 

    dt 

-d[Fe2+] 
 

    dt 
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Because this reaction has two reactants and is likely to follow a complicated mechanistic pathway 
to products, it may not have simple whole number values for reaction orders.   On the other hand, 
if the reaction has a simple rate limiting step we might assume that X and Y equal one.   We expect 
this to be the case since this reaction has been studied by others and our literature search suggests 
that in the reaction mechanism, 
 
Fe2+ + HOCl è Fe3+ + •OH + Cl-      step 1 - slow 
 
Fe2+ + •OH è Fe3+ + OH-       step 2 – really fast 
 
step 1 is slower than step 2 and is rate limiting.   Setting X = 1 yields the reaction rate expression: 
 
 
 
 rate =                  = k [constant][Fe2+]1  =k’[Fe2+]1  (5) 
 
 
Now the mathematics gets easier since the integration of a first order equation is well defined, and 
the concentration of iron at any time t, ln[Fe2+]t, is a function of the initial concentration, ln [Fe2+]0, 
the effective rate constant, and time. 
 
    ln[Fe2+]t = ln [Fe2+]0 – k’ t     (6) 
 
Notice that a plot of ln[Fe2+]t vs. time should have a slope of -k’.    
 
Figures 3 and 4 show typical data collected for an iron decay experiment and the log transformation 
of the data, often described as an integrated first-order decay plot.  You will notice that absorbance 
of the Fe(II)-ferrozine complex is plotted instead of concentration.    Remember from last lab that 
concentration is related to absorbance through the Beer-Lambert law.  
 
Absorbance = el[Fe(II)-ferrozine]       (7) 
 
When you take the logarithm of equation 6 you obtain, 
 
 ln(Absorbance)time = ln(el) + ln([Fe(II)-ferrozine])time    (8) 
 
with the ln(el) term becoming a constant (it doesn’t change with time).  This constant will shift the 
data in figure 4 up or down, but will not change the slope.    As a consequence, for simple 
convenience we often plot absorbance vs time instead of concentration.  

-d[Fe2+] 
 

    dt 
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Figure 3. Typical Fe(II) decay data.  Notice that the y-axis is absorbance and the x-axis is time  

 

Figure 4. Integrated first-order decay plot of ln(Fe(II)-FZ absorbance) as a function of reaction time.  The slope of the 
regression line is the effective reaction rate constant, k’, for this experiment. 
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Experimental Details: 
 
We will work with partners to measure the disappearance of Fe2+ at known, excess concentrations 
of HOCl (table 1).   
 
 

EXPERIMENT [Fe2+] (µM) [HOCL] (µM)  k’ (1/s) 
1 4 10 ? 
2 4 20 ? 
3 4 30 ? 
4 2 10 ? 
5 2 15 ? 
6 2 20 ? 

 
 
Dividing the experimental values of k’ by the known HOCl concentration should provide a single 
value for k (M-1 s-1).   Each group will perform two different experiments and we will pool the data 
as a class to determine and average value for k.  The literature value is 1.7x104 M-1s-1 (reference 
1). 
 
Experimental Procedure 
You will use automatic micropipettors in this experiment for precise and accurate delivery of small 
volumes. There are multiple sizes of Finn pipettesâ, but for this lab you should only need to use 
the 200-1000 µL (blue) pipettes with respective blue boxed tips and the 40-200�µL (yellow) 
pipettes with respective yellow boxed tips. These numbers refer to the maximum volume in 
microliters (µL) that can be achieved. Never dial a pipettor past the maximum volume.   Likewise, 
do not dial below the minimum volume printed on the side of a given pipette. To draw up the 
sample into the pipette tip, first place a clean tip on your pipette. Pour some reagent into the 
provided beaker. Push the top pipette button downwards until you feel it catch on a notch, immerse 
the pipette tip in the sample, and slowly release the pressure you are exerting on the button. Check 
the tip to make sure you didn’t capture any air bubbles. To dispense the sample, push the button 
all the way down.  
 
You will work in pairs for this experiment.  
1) Fill a 100 ml beaker to the 100 ml mark with reagent grade water.  Add a stir bar and begin 

stirring at a moderate rate. 

2) Prepare 8 cuvettes for the analysis of Fe(II) by adding 30 µL of Ferrozine to the bottom of each 
empty cuvette.    

3) You will start each kinetics run by adding Fe2+ to the 100 ml beaker.   Add the appropriate 
volume of Fe2+ stock using a µL pipette to deliver the initial Fe2+ concentration for your 
assigned experiment.  This solution will be stable until you add HOCl. 

4) Confirm the volume of HOCl reagent that you will add to the 100 ml beaker.   Get the µL 
pipette ready, but don’t add the HOCl. 
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5) The entire experiment will take less than two minutes.  You will take samples from the 100 ml 
beaker at the following times: 

Time (seconds) Action  

-30 Deliver 3 ml to cuvette  

-15 Deliver 3 ml to cuvette  

0 Deliver 3 ml to cuvette Add HOCl 

10 Deliver 3 ml to cuvette  

20 Deliver 3 ml to cuvette  

30 Deliver 3 ml to cuvette  

40 Deliver 3 ml to cuvette  

50 Deliver 3 ml to cuvette  

 
6) Start your timing device and begin sampling at the times detailed in the table above.  Notice 

that you will add HOCl at “time zero”.  This just makes your kinetics plots look pretty.  You 
will need to collect 3 ml of sample to fill each cuvette.   This will require three 1000 µL 
withdrawals from the beaker.  With a bit of care and practice you can pipette once a second.  
Time you pipetting so that the middle withdrawal is at the specified reaction time. 

7) After you have collected all your samples measure the absorbance of the Fe(II)-ferrozine 
complex at 562 nm using the spectrophotometer and plot your data. 

8) Repeat the experiment for your second assigned reaction condition.   Repeat any experiment 
with really “ugly” data.   Your data should like similar to Figures 3 and 4 above, but with 
different slopes. 

9) Post your reaction data to the class Google Sheet. 
 
 
Laboratory Report: 
 
Your laboratory notebook should contain: 
 

1)  An outline of the experimental procedure with a reference to this lab handout. 
2) Specifics on your assigned kinetics experiment 

a. Stock solutions used 
b. Volumes of Fe2+ and HOCl added to the beaker 
c. Table of reaction times and Fe(II)-ferrozine absorbance 
d. Kinetic plots for each experiment (figures 3 and 4) with well labeled axis and title. 
e. Your calculated values of k’. 
f. The pooled class data, the mean and standard deviation of the calculated value of k 

for the reaction of Fe2+ and HOCl.   Include appropriate units for k. 
g. A paragraph comparing our measured value to the literature. 
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h. A paragraph reconciling the balanced reaction stoichiometry (prelab) to rate of 
reaction.   What does our experiment tell us about the reaction mechanism? 
 

3) Hand in a photocopy of your laboratory notebook pages as the lab report. 


