Kinetics and Mechanism of lodide Oxidation by Iron{ll):

A Clock Reaction Approach

Student handout

Clock reactions

Clock reactions are named after the analogy betwhemical changes in such
reactions and an alarm clock. You cannot tell whethe alarm clock is working or
not until it goes off; it is only then that you kmat has been working the whole time.

In a clock reaction, chemical change becomes egitthe alarm clock goes off”)
only after the reaction has reached a certain exi¢rere are three steps in each clock
reaction. The first is a slow formation of a cheahinitermediate. The second is a fast
consumption of the intermediate by the limitingget. The third step is responsible
for the colour change. However, that step takeseptanly after the limiting reagent

has been consumed.

The three steps are easily presented by the egeatio

A+B—>T slow
T+L—->X fast Q)
T+1—>S fast

where the initial reaction mixture contains A, Bahd I. L is the limiting reagent, and

| is the indicator. S is the chemical species $eaids out a signal (colour chan@g)

Experiment 1:
« Prepare 250 mL of solution A ([Fe(NJg = 0.025 mol L}, [HNO3] = 0.3 mol

L™ in a 400 mL beaker.

» Dissolve 1 g of starch in 100 mL of boiling distdl water with stirring.

« Prepare 250 mL of solution B ([KI] = 0.043 mofL[Na,S,0s] = 3.2 mmol L,
w(starch) = 0.04 %) in a 600 mL beaker.

* Quickly pour solution A into solution B.



Questions:

1. What have you observed and how is this consistdtit alock reaction
behaviour?

2. Chemical changes in this clock reaction can beegprtes! by the following set
of equationgl):

Fe' (aq) +$ @ (ag=[ Feisd) (e )
2F€" (aq) + 31 (ag)}> 2F¢ (aq) %1 (¢ (3)
@) +25 G (agy 3l (aq) +SP (a (4)

2l5(aq) + starch- starch-l +1 (a (5)

The complex [Fe($3)]" is purple and the starch-pentaiodide complextis bl
Note that equation (2) presents a reversible mactvhich occurs in the
reaction mixture but is not included in the clodaction scheme (1) given

above.

Explain how the set of chemical changes (2-5) spaasible for the clock
effect in this reaction. Which of steps (2-5) ie #low step, and why is this

so0? Identify the limiting reagent.

Clock reaction kinetics

The kinetics of a reaction transformed into a cloe&ction (i.e. the kinetics of
reaction A + B— T in reaction scheme (1)) is easily investigatgdhe initial rates
method. All one has to measure is the time elagssad the mixing of the two

solutions to the sudden colour change (sendingsignal)(2—4)

For the oxidation of iodide by ferric ions (3) tteaction rate can be defined as:

(6)

The initial reaction rate can then be approximéatgd



:_A[FeS*]

X ()

Uy

with A[Fe*"] being the change in the concentration of feriesiin the initial period
of the reaction. IfAt is the time measured, thevfiFe®"] is the decrease in ferric ion
concentration from the moment of mixing to the maimaf complete thiosulfate (the

limiting reagent) consumption. Therefore, from thactions' stoichiometry it follows:

-a[FeT]=[s O] ®)
and consequently:
0= 23h @
At

The initial thiosulfate concentration is constant asignificantly lower than that of

ferric and iodide ions. The above expression esaldeto measure the initial reaction

rate by measuring the time required for the sudabdéour change to take placst.
Suppose that the dependence of the initial reactitm on ferric and iodide ion

concentrations can be expressed as:
ST Y.
v, =k|[ F€’ ]O[l ]O, (10)
x is the reaction order with respect td’Fandy is the reaction order with respect to |

From equations (9) and (10), it follows:
o y
%wﬁeﬂo[r];. )

If the initial concentration of only one reactant is variedilevhthe initial
concentrations of the other participants are kept uncldaiige possible to determine

the order of reaction with respect to the reactant whaseeotration is being varied.



Questions:

3. Why is it important to keep the initial thiosulfate contation significantly

lower than that of ferric and iodide ions?

The measuring method

The experiments are conducted in a thermostated celldptate magnetic stirrer
(Fig. 1). A total of 55 mL of solution A (containing p&0Os, KI, KNOsand starch) is
placed in the cell and 5 mL of solution B (containing F@ég§y and HNQ) is placed
in the syringe. Solution A is stirred by a magnet. Solutios iBjected into solution A
and a stop watch is started at that point. Time is decbat the moment the solution
suddenly turns dark blue. The experiment is conductedethimes for each

concentration.

The ionic strength is set tg= 1.0 mol L* by KNO; and HNQ in order to keep it

constant during the course of reaction.
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Figure 1. The apparatus used for the monitoring

of reaction kinetics.

Questions:
4. Why are the experiments performed in a thermostated cell?

5. Why is it important to keep the ionic strength constaninguthe course of the

reaction?

6. Why are HNQ and KNQ used to set the ionic strength?



The effect of thiosulfate concentration on reaction rate

Experiment 2:

Vary the initial thiosulfate concentration according to Tabled measure the

time At for each concentration three times. Note the resultshieTa

The initial concentrations of other species (at the tifrairing of solutions A
and B) should be as follows:

[Fe(NOs)3]o = 6.5 mmol [}, [KI]o = 20.0 mmol [}, [HNOs]o = 0.1 mol L,
[KNO3]o = 0.9 mol L%, w(starch) = 0.02 %.

The measurements are conducted at 25 °C.

Table 1. The values dft for varying sodium thiosulfate initial concentrati

[Naz$,05]¢/10” mol L™ Aty/s Atyls Ats/s At/s
1.0
2.0
3.0
4.0
5.0
6.0
7.0
Questions:
7. Analyze the results (averagkt values) according to equation (11) both
graphically and by means of regression analysis.
8. Are the results consistent with equation (11)?
9. Explain the dependence at on the initial thiosulfate concentration in terms

of clock reaction behaviour.



The effect of iodide concentration on reaction rate
Experiment 3:

* Vary the initial iodide concentration according to Tablari measure the
time At for each concentration three times. Note the resultshieTa

» The initial concentrations of other species (at the tifmaiging of solutions A
and B) should be as follows:

[Fe(NOs)3]o = 8.5 mmol Y, [NaxS,03]o = 0.2 mmol L}, [HNOs]o = 0.1 mol L,

[KNO3]o = 0.9 mol L%, w(starch) = 0.02 %.

« The measurements are conducted at 25 °C.

Table 2. The values dft for varying potassium iodide initial concentration

[KI] o/(10° mol L) Aty/s Atols Atsls At/s
7.50
8.75
10.00
11.25
12.50
13.75
15.00

Questions:

10. Analyze the results (averagkt values) according to equation (11) both
graphically and by means of either linear Alnvs. In [[]o) or nonlinear At vs.
[1]0) regression analysis.

11. What is the reaction order with respect to iodide?



The effect of ferricion concentration on reaction rate

Experiment 4:

* Vary the initial ferric ion concentration according to TaBland measure the

time At for each concentration three times. Note the resultsbfeTa

» The initial concentrations of other species (at the tifmaiging of solutions A

and B) should be as follows:
[KI] o = 0.013 mol [}, [N&S,05)o = 0.25 mmol [}, [HNOs]o = 0.1 mol L,

[KNO3]o = 0.9 mol L}, w(starch) = 0.02 %.

« The measurements are conducted at 25 °C.

Table 4. The values dft for varying ferric nitrate initial concentration.

[Fe(NOy)3]¢/210° mol L™ At/s Atols Atsls At/s
5.0
6.0
7.0
8.0
9.0
10.0

11.0
12.0

Questions:

12. Analyze the results (averagkt values) according to equation (11) both
graphically and by means of either linear finvs. In [Fé"]o) or nonlinear £t
vs. [F€"o) regression analysis.

13. What is the reaction order with respect to ferric ions?



Combining the results

Chemical kinetics investigates reactions rates and reactiechanisms. To
study the reaction rate means to determine reaction ondéch give us the rate law.
From the rate law, one can easily calculate the readiencoefficient. Based on the
rate law and possibly other kinetic measurements, ome stggest a reaction

mechanism.

Questions:

14. Write the rate law (equation (10)) for the reaction stdie
15. Calculate the values of the reaction rate coefficienirom the results of
experiments 24.

16. A possible mechanism of the oxidation of iodide by feioits is(5—8)

Fe* + I ===[ Fe|”
[Fel + T O'- Fé" +1 (12)
21, O I+ 10

By applying the steady state approximation for the intdrate b, show that
this mechanism is in accordance with the rate law obtaixelienentally.
17. There is another redox reaction taking place in the systemstigated,

namely the oxidation of thiosulfate to tetrathionate by ferms (8,10}
2Fe€* +2S G - 2F8 +S L. (13)

Are you able to say if this reaction has interfered withrttumitoring of the

kinetics of reaction (3)?
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Kinetics and Mechanism of lodide Oxidation by Iron(ll):

A Clock Reaction Approach

Instructors' notes

The subject of investigation is the oxidation dfige by ferric ions. The limiting
reagent is sodium thiosulfate (present in signifiyalower concentration than the

ferric and iodide ions), and starch is the indicalibedium acidity is set by nitric acid.

Chemical changes in the clock reaction investigated be presented by the

following equationg1-3):

Fe' (aq) +$ @ (e[ Fe(sd) G (1)
2F€" (aq) + 31 (aq)> 2F¢ (aq) %1 (s )
Is@a) +25 4 (agy 3l (aq) +SD (a @)

2l5(aq) + starch- starch-l +1 (a (4)

The complex [Fe($3)]" is purple and the starch-pentaiodide complexus.bl

The reaction is started by mixing a colourlessiac@lution of ferric nitrate with
a colourless solution containing sodium thiosulfa@tassium iodide and starch (Fig.
1a). The solution immediately turns purple (Fig).Tkhe colour gradually fades (Fig.
1c and 1d) until the solution becomes colourlesg. (Ee). At that very moment, the
solution suddenly turns dark blue (Fig. 1f).



e) f)

Figure 1. Colour changes during the reaction (Experiment 1

Immediately after mixing the two solutions, ferrions form the thiosulfate
complex and make the solution turn purple. The sxderric ions oxidize iodide
forming triiodide ions that immediately react withiosulfate. The purple complex

starts breaking down releasing thiosulfate iongdee for the reaction with triiodide)
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which in turn fades the solution colour. This réactsequence goes on until all the
thiosulfate ions (present in a small quantity) heeen consumed. Only then does the

reaction between triiodide and starch take plaomiftg the dark blue complex.

The aim is to study the kinetics of reaction (2, to establish the dependence of
the reaction rate on reactant concentrations, ass$ilply to get insight into the
reaction mechanism.

The kinetics of a reaction transformed into a clog#ction is easily investigated
by the initial rates method. All one has to meassirg i.e. the time elapsed from the
mixing of the two solutions to a sudden colour defsending out a signdy-6).

From the stoichiometry of the reactions-4), one can deduce the following
expression for the initial rate of reaction (2):

A[Fe] [sG

Uy = = 5
0 At At ®)

whereA[Fe*] is the change in the concentration of ferric iamshe initial period of
the reaction. IfAt is the time measured, theyjFe®] is the decrease in ferric ion
concentration from the moment of mixing to the maimaf complete thiosulfate (the
limiting reagent) consumption. Relation (5) holdsthe initial concentration of
thiosulfate is sufficiently low compared to thatfefric and iodide ions. In this case
the extent of reaction (2) at the tieis rather small, and consequently the quotient
A[Fe*')/At can be taken as a satisfactory approximation efitiitial reaction rate.
However, if the initial thiosulfate concentratiantoo low the time periodt is short
and cannot be measured accurately. Therefore, diafese considerations must be
taken into account in the experimental design.

The dependence of the initial reaction rate ondeand iodide ion concentrations

can be expressed as:
o
o=k ] =%k ©

x is the reaction order with respect to'Fendy is the reaction order with respectto |
If the initial concentration of only one reactard wvaried while the initial
concentrations of the other participants are kephanged, it is possible to determine

the order of reaction with respect to the reactdmise concentration is being varied.
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The effect of thiosulfate concentration on reaction rate

Experiment 2 —typical results

Table 1. The values dt for varying sodium thiosulfate initial concentrations.

[Na,S,05]¢/10* mol L* Aty/s Atols Atgls At/s
1.0 2.3 2.5 2.3 2.4
2.0 4.5 4.2 4.4 4.4
3.0 6.6 6.7 6.6 6.6
4.0 9.0 9.0 9.1 9.0
5.0 11.2 11.0 11.3 11.2
6.0 13.9 13.7 13.6 13.7
7.0 16.3 16.2 16.3

The data from Table 1 are analyzed and the restdtshown in Fig. 2 and Table 2.

18
16
14

12

T T T T T T T T T T
1 2 3 4 5 6 7

[S,0,1/(10* mol L)
Figure 2. Graphical presentation of the data from

Table 1;» experimental, — calculated according to

equation (6).
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Table 2. Results of regression analysis of the data fraloteTL and
Fig. 2 according to the modelt/s =a + b [S,0:*]¢/(mol L™).

Variable

a -0.20
SE( é) 0.17
10%b 2.32
10°sg(b) 362
R2 0.9988

a,b - estimations of the straight-line intercept and slopspectively;

SE- standard erroR?- coefficient of determination.

At is found to be approximately proportional to theitial thiosulfate
concentration. This result must be interpretedfodlye It confirms equation (6) but it
also states that the reaction rate does not indigénd on thiosulfate concentration;
thiosulfate is merely the limiting reagent in tHeak reaction. The initial thiosulfate
concentration determines but it does not determine the reaction rate.

The effect of iodide concentration on reaction rate
Experiment 3 —typical results

Table 3. The values dft for varying potassium iodide initial concentration.

[KI] o/(10°mol LY Aty/s Atols Atgls At/s
7.50 25.0 24.9 24.9 24.9
8.75 18.7 18.6 18.4 18.6
10.00 14.5 14.3 14.0 14.3
11.64 10.6 10.5 10.6 10.6
12.50 9.0 8.9 9.0 9.0
13.75 7.4 7.5 7.4 7.4
15.00 6.3 6.2 6.4 6.3

The data from Table 3 are analyzed by nonlineag.(Bi Table 4) and/or linear
regression (Fig. 4, Table 5).

15
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Figure 3. Graphical presentation of the data from
Table 3;¢ experimental, — calculated according

to equation (6).

Table 4. Results of regression analysis of the data fraloheT3 and
Fig. 3 according to the modeit/s =C,{[l ]o/(mol L)} 7.

Variable

10°C, 1.54
10°sg(C,) 01

y 1.98
SE(Y) 0.02
R? 0.9997

Cl, S/ — estimations of paramete@; andy; SE- standard error;

RZ- coefficient of determination.
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3.4
3.2—-

3.0—-

2.8—-

In(at/s) |
2.4
2.2—-
2.0—-

1.8

-49 -48 47 -46 -45 44 43 42 -4l
In({17,/ mol L)
Figure 4. Graphical presentation of the data from

Table 3;¢ experimental, — calculated according to
the model Inft/s) =c — yIn{[I ]o/(mol L™)}.

Table 5. Results of regression analysis of the data fraloheT3 and
Fig. 4 according to the model: li(s) =c — yIn{[I ]¢/(mol L)}

Variable

& -6.56
SE(8) 0.07

y 2.00
SE(Y) 0.02
R? 0.9997

C, —9 — estimations of the straight-line intercept and slopgpectively;

SE- standard erroR?- coefficient of determination.

The value ofy (Tables 4, 5) shows that the reaction is secoddrowith respect to
iodide.
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The effect of ferric ion concentration on reaction rate
Experiment 4 —typical results

Table 6. The values dft for varying ferric nitrate initial concentration.

3 -1 —
[Fe(NGs)3]o/10° mol L Aty/s Atols Atals At/s
5.0 17.4 17.3 17.4 17.4
6.0 14.2 14.2 14.1 14.2
7.0 11.8 11.9 11.8 11.8
8.0 10.3 10.3 10.5 10.4
9.0 9.1 9.1 0.1
10.0 8.0 7.8 7.9 7.9
11.0 7.4 7.4 7.3 7.4
12.0 6.6 6.7 6.7

The data from Table 6 are analyzed by nonlineag. (Bi Table 7) and/or linear
regression (Fig. 6, Table 8).

18
16
14
12
At/s

10+

4 5 6 7 8 9 0 11 12 13
3+ 3 -1
[Fe™]/(107 mol L7)

Figure 5. Graphical presentation of the data from
Table 6;¢ experimental, — calculated according to

equation (6).
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Table 7.

Results of regression analysis of the data fralleT™ and

Fig. 5 according to the modelt/s =C, {[Fe*]o/(mol L)} ™.

02 , X - estimations of paramete@ andx; SE- standard error;

In(At/s)

Variable

10%C, 5.01
102 SE(éz) 0.29
% 1.10
SE(X) 0.01
R? 0.9994

RZ- coefficient of determination.

3.0
2.8
2.6
2.4
2.2

2.0

o4+~
5.4 5.2 5.0 -4.8 -4.6 -4.4 -4.2

In([Fe™],/ mol L)

Figure 6. Graphical presentation of the data from
Table 6;¢ experimental, — calculated according to
the model Inft/s) =d — xIn{[Fe*"]¢/(mol L™)}.
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Table 8. Results of regression analysis of the data Tralofe 6 and Fig. 6
according to the model: Ia¢/s) =d — xIn{[Fe*"]o/(mol L)}

Variable

d -2.96
SE(& ) 0.07

X 1.10
SE(X) 0.01
R? 0.9989

d , —X - estimations of the straight-line intercept and slope, ctisedy;

SE- standard erroR?- coefficient of determination.

The value ok (Tables 7, 8) shows that the reaction is first owdi¢h respect to ferric

ions.

Combining the results

On the basis of the above results, the rate lawGecan be written as:
v=k[Fe"][IT. @)

By comparing the results from Tables 2, 4 and éhvaguation (6), the rate
coefficient values can easily be obtained from esathof experiments (described in
detail in student handou:= 16.6 > mol?s®; 15.3 > mol?s* (16.6 12 mol? s™%);
29.5 > mol? s* (28.5 I mol® s %), respectively. (The values given in parentheses
are obtained by the linear regression analysib®tiata measured in the last two sets
of experiments).

The oxidation of thiosulfate to tetrathionate byrife ions (8) is another redox
reaction taking place in the system investigdtef).

2Fe* +2S 3 - 2F8 +SE (8)
This reaction however has no significant influenoethe experiments conducted. The
reaction followed is zeroth order with respect his$ulfate and second order with

respect to iodide, clearly indicating that react{8) does not interfere significantly

with the kinetics of the reaction studied.
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From the data collected the following possible naitm of reaction (2) can be

deduced:

Fe* + I ===[ Fe]”
[Fel +r 0'B- Fé" +1 (9)
21, 08 I+ I

The mechanism is supported by confirmations of ékestence of the speciesg |
(9-11) as well as by the fact that the disproportionatainl,” has already been
proposed(12,13) An analogous reaction of Brhas also been proposed in the

mechanism of bromide oxidation by an iron(lll) cdexp(14).

Proposed mechanism analysis

The rate of reaction (2) can be expressed as thagehof triiodide concentration

against time which in turn can be expressed fraptioposed mechanism:

d| I
v:%zk{g]z. (10)
As |, is an intermediate, the steady state approximatonbe applied:
—d[dlt;] =k,[FeF ][ 1]-2[1;] =0. (11)
From equation (11) the following relations can béten:
k[Fet [ ]=2&[1;] (12)
p;f:z"_é[peﬂ[r]. (13)
The equilibrium constant of the first step of thegosed mechanism is:
2+
_ [ Fef | (14)

NCa D]

From equations (10) and (13), it follows:
v:%kz[FeF*][l‘], (15)
and by introducing equation (14) one obtains:

1 L L2
v:Eszl[FE? T (16)
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The rate law (16) matches the one obtained expetatig. However, the obtained
value of the reaction order with respect to feiwits k = 1.1), as well as the (higher)
value of the reaction rate coefficierit € 29.5 1> mol? s') determined in the

corresponding experiment, may indicate a slightrencomplicated mechanism than
the one proposed for which= 1.0. These considerations, however, are beyobad t

scope of the exercise presented here.

Deducing the mechanism

Having established the rate law experimentallg,gtudents can be led to propose
a possible reaction mechanism. Reaction (2) isrebooder with respect to iodide.
Therefore, two iodide ions should appear as retstanthe mechanism. It is well
known, however, that a trimolecular collision inwmmn is not likely to happen. A
reaction between Béand I forming an intermediate may therefore be assumed.
Being aware of the existence of iron(lll) complexeth halides, it is also assumed
that the intermediate is likely to be Belin order for the obtained rate law to be
adequate, Fél is supposed to react with a seconah. Knowing that F& is the
reaction product, the chemical specigssl “made up” as the product in order to make
this reaction step appear plausible. slf dxists, there is no apparent reason why |
should not exist as well. The iof tan be taken as being “composed”céd I, and
I,"as being “composed” of |- and The reaction product is,li.e. k', so two |- should

combine, that is two,1should react.

A similar mechanism had already been proposedctrdaction investigatdd5s).
However, the method of studying a clock reactioscdéed herein is experimentally

simpler than the titrimetric analysis used in (&b).
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