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The Kinetics and Mechanism of the Chlorine Dioxide-lodide lon Reaction
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The oxidation of iodide ion by chlorine dioxide has been studied by stopped-flow techniduedd@ M (NaClQ).
The following two-term rate law was confirmed for the reactiond[CIO,]/dt = k[CIO][I 7] + ky[CIO][I 7]
The rate constants at 298 K and the activation parameteilg ar€1.87 + 0.02) x 18 M1 s}, AH* = 35.4

+ 0.7 kJ/mol,AS* = —63.5+ 2.3 J/(mol K),k

(1.25+ 0.04) x 10* M2 571, AH* = 36.7+ 1.3 kd/mol,

AS* = —43.2+ 4.6 J/(mol K). Both the second- and third-order paths are interpreted in terms of an outer-
sphere electron-transfer mechanism. The calculations based on the Marcus theoky ¥idl@58 M~ s for

the second-order path.

Introduction

The redox reaction between chlorine dioxide and iodide ion
has been the subject of intense studies for dechdes his

tometrically by using the characteristic absorbance bafdCIO, in
the near-U\-visible region fmax= 358.5 NMiemax= 1250 Micm2).
NaClO, was prepared from N&O; and HCIQ and purified as detailed
elsewherd?® Other reagents, i.e., Nal, GHOONa, and CECOOH,

reaction serves as a basis for the iodometric determination ofwere analytical grade and used without further purification. Al

ClO,.5 ltis also an important subset in a series of oxychlorine-
based exotic reactive systeffs’
Earlier it was suggestédhat the oxidation of iodide ion by

experiments were carried out in 0.04 M acetic acid/acetate buffer and
at 1.0 M ionic strength set by adding appropriate amounts of NaCIO
Methods. Stopped-flow traces were recorded on an Applied

C|02 proceeds via the fast formation and Subsequent slower PhOtOphySICS SX-17MV unit. Pseudo-first-order conditions were

decomposition of a transient species, @O Recently a more
simple kinetic behavior was reported by Lengyel et alhe
reaction was found to be first order with respect to both

applied by using at least a 10-fold excess of iodide ion over chlorine
dioxide ([CIG;] = (2.0-8.0) x 107 M; [I 7] = 0.006-0.3 M). The
reaction was monitored by following the formation ef in the 356
470 nm region. First-order rate constants were obtained by fitting the

reactants. It was assumed that the rate-determining step in they erage of at least five replicate runs by using a nonlinear least squares

overall process is a simple electron-tran_sfer reaction t?etweer‘routine provided with the stopped-flow instrument. In test experiments,
the reactants. The details of the mechanism were not discusseghe rate constants obtained at various wavelengths agreed wi#i%in

in that paper, and kinetic data are not available to evaluate

Thus, most of the measurements were made at a single wavelength

whether the electron transfer occurs by means of an inner- or(400 or 410 nm). The temperature dependence of the rate constants
outer-sphere process. Therefore, we have designed a tempemwas studied from 3 to 46C.

ature dependent study in order to explore the intimate nature

of this reaction. Preliminary results indicated a somewhat

unexpected kinetic behavior, which is discussed in the present

paper in detail.

Experimental Section

Chemicals. Chlorine dioxide solutions were prepared by mixing
aqueous solutions of 36,03 and NaCIQ as described earliér.The
concentration of the Clgstock solutions was determined spectropho-
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Results and Discussion

In excess iodide ion, Cl9is reduced to Cl. However, in
slightly acidic to neutral solutions the reaction occurs in two,
well-separated phases. In the first, fast step, chlorine dioxide
is reduced to ClI@ . Further redox reaction between chlorite
ion and iodide ion is slower by several orders of magnitude
and does not interfere with the first process. Under the applied
conditions, the observed kinetic traces correspond to the
following overall redox reaction:

2CIO, + 21" =2CIo, +1, (1)

In agreement with recent resuftsimple first-order kinetic
traces were obtained, indicating that the reaction is first order
with respect to CI@Q Our observations also confirmed that the
reaction rate is independent of pH. The pseudo-first-order rate
constants ;p9 are statistically identical in the pH 4.6%.04
region (Figure 1). However, Figure 1 also indicates an
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Figure 1. The pseudo-first-order rate constant as a function of iodide Figure 3. LFER for the second-order path of oxidation reactions of
concentration at various pH values (253©, | = 1.0 M NaClQ). I=. The oxidants are as follows: Fe(phgf) Fe(5,6-(CH).-phen)*,
Fe(4,7-(CH)-phen)*™, Fe(3,4,7,8-(Ch)s-phen)*™, Fe(bpy)*', Fe(4,4-
4000 (CHa)2-bpy)?t, IrCle?, IrBre?~, Mo(CN)g2~, Os(bpy)}3t, Os(pheng*
R (®); CIO, (W); NpO.2*, PuQ?t (O). The data were used as given or
> 25°C 10 °C cited in refs 13-15.
*E_/ 2000 F Table 1. Kinetic Results for the Oxidation of Iby Chlorine
'_:_. Dioxide
< 3°C parameter
0 . - k (M~1s™1) at298 K (1.87+ 0.02) x 1C°
AH* (kd/mol) 35.4+ 0.7
0.00 0.15 0.30 !
AS* (J/(mol K)) —-63.5+2.3
[17 (M) ki (M~2s71) at 298 K (1.25+ 0.04) x 10*
. . : AHy* (kd/mol) 36.7+£ 1.3
Figure 2. The plot of the data at various temperatures according to ASF* (J(mol K)) 432146

eq 4 (pH= 4.57,1 = 1.0 M NaClQ).

third-order term, i.e., the second term in eq 2, led to a higher
rate constant in the earlier paper.

The two-term rate equation obtained here is quite common
in the noncomplementary redox chemistry of iodide i&ri8
Equation 2 seems to be consistent with the following mecha-

unexpected kinetic feature in this system. According to previous
literature the reaction is first order with respect to iodide ion.
This would predict a simple linear concentration dependence
of kopson [I7]. However, the systematic deviation from linear
behavior at higher iodide ion concentrations clearly indicates a

more complex kinetic patte_rn. The probl_em_ was investigated nism:

;gn?ge%tfrréd;d concentration range of iodide ion at various ClO, + 1~ =CIO,I~ K,, fast pre-equilibrium (6)

consistont ih he folowng rte e CIoJ"—~CIo, +1" Ky ¢

—d[ClO,}/dt = k[CIO,[I ']+ k,[CIO,]I 1> (2) P+ =1, fast (8)

It follows that Clo,l  +1 —CIO, +1, k, 9)
Kops= K[ 7T+ k,[I 1% 3 Clo,+1, =Clo, +1, fast (20)

and eq 3 can be rearranged into the following form: L+1 =13 fast (12)
kopd[1 1=k + K'TI 7] 4) In this mechanism CI@~ is either an outer-sphere complex

or a weakly bonded species characterized by stability constant

The plot of the experimental data according to eq 4 is shown Ka Provided that<land b~ are at steady state, standard
at three different temperatures in Figure 2. The excellent derivation yieldsk = 2kiK, and ki = 2kKa In principle
linearity of these plots confirms the above rate law. reaction 7 is reversible. However, reaction 8 is close to diffusion

The activation parameters of rate constatandk; were controlled}” and under the applied conditions the reverse
calculated by fittingkoss data on the basis of eq 5, by using SteP of reaction 7 is negligible compared to the fast formation

the nonlinear least squares routine of the program SCIENTIST of 157 ) o
2.0 Experimental and calculated rate constants are given On the basis of a somewnhat limited data set Stanbury and

in the Supporting Information. The results are listed in CO-Workers® showed excellent LFER for thi path. The

Table 1. correlation remains valid when additional data are included
(Figure 3). The data for the CI3 1~ reaction is also in
KT Actin —AH* _ kT He _AHLE _
kobs:FeA §TRemAMTED 7 +FeA STReAMTEDN 72 (5) (12) Cooper, J.; Reents, W. D., Jr.; Woods, M.; Sjoblom, R.; Sullivan, J.

C. Inorg. Chem.1977, 16, 1030.
. . (13) Nord, G.; Pedersen, B.; Farver, ldorg. Chem.1978 17, 2233.
The value ok is about 3 times smaller than the rate constant (14) Adedinsewo, C. O.; Adegite, Anorg. Chem.1979 18, 3597.

reported by Lengyel and co-worket$iowever, the source of (15 ﬁﬁgb“c'ﬁgﬁ{l“égé’vig‘i%w' K.; Khalaf, S.; Po, H. N.; Byrd, J. E.
the discrepancy is not apparent. Perhaps the omission of the ;) Nord, G.Comments Inorg. Chem992 13, 221.

(17) Baxendale, J. H.; Bevan, P. L. T.; Stott, D. rans. Faraday. Soc.
(11) SCIENTIST 2.0, MicroMath Software, 1995. 1968 64, 2389.
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agreement with previous results. The correlation was observedTable 2. Test of the Marcus Cross Relation for the Third-Order
regardless of the charge and type of the oxidants. The only Patf

exceptions are the data for the reactions of Pli@nd NpQ2* ‘ koo ko meas kyeale
(open circles in Figure 3). In these cases the deviation is oxidang (V) M'sh) (MTis) (MTtsTh
supposedly due to the nonadiabaticity of the electron-transfer irBrg?- 0.843 2.0x 10® 43x10® 7.6x10°
reactiont® The rest of the data indicates that probably the same \(g(“(l)h - —g.gig é.gx 18;2 i.gx ig“ g.é X ig“
i i P i P H s(pnhe . LAX A X B X
mechanism is operative in all reactions which have the same,Os(bpy);3+ 0837 18¢ 10 92 10 63x 10

close to diffusion-controlled reverse rate constant. Earlier it g5 6 (Ch),pheny* 0.97 33x 108 1.6x 10F 1.5x 10P

was suggested that these reactions proceed via an outer-sphenes(4,7-(CH),-phen)**+ 0.87 33x10° 13x10° 1.8x 10
mechanisn>6 On this basis, the Marcus theéfyvas tested FeE3,4,(7,8-()Cbg4-p):§n);3+ 0.81 3.3x 18: 5.4 x 1$ 4.6 x 1§
ing the followin ions: Fe(4,4-(CHa)z2-bpy, 0.88 3.3x 10 26x1 2.2x 1
by using the following equations Clo, 0.934 3.3x 10°© 6.5x 103" 7.3x 1(?
Kyp = (k11k22K12f)l/2 (12) aFor the 2I/l,” couple: €11 = 1.04 V,ky; = 1.15x 1* Mt s?

from ref 15.P €2, koo, andk, values were taken as cited in refs 13, 14,
P and 15.° phen, 1,16-phenanthroline; bpy, 2;ipyridine. ¢ From ref
(= (logKyp) (13) 20.¢From ref 21.f This work.

4 log ky;K,,/Z* _ o
on the Marcus theory. Without specifying the actual redox
couples, Adedinsewo and Adegite suggested that the values of
f andk;; (egs 12 and 13) are the same for both the second- and
third-order termg$# According to their suggestiork, andk;
can be related to each other on the basis of thermodynamic
considerations, and tHe/k ratio should be around 300 M.
T For most of the available data the actlugl, ratio is within 1
Parameterky, ko, andZ (~10" M~ s™) are the self-exchange o qer of magnitude of the expected value. Clearly, our results

rate constants and the collision frequency, respectively. It ¢ the ClO—I- svstem do not comply with the expectations
should be noted that one of the reactants is neutral in both redox(k” Ik ~ 7%71)_ 4 Py P

couples; therefore, work terms do not complicate the calculation
of the rate constant.

Due to the protolytic equilibriud? between chlorite ion and
chlorous acid (K. = 1.72) the redox potential for the C}0
ClO;~ couple is pH dependeit. However, in slightly acidic
to neutral (pH> 4.0) solutions the dominant species is €10
and the redox potent®lis invariablyE® = 0.936 V. The self-
exchange rate constant for the same couple was reporte
recently?’ ky; = (2.6-6.7) x 10* M~1s71 (average: 3.3« 10*
M~1s),

The parameters for the/ll~ couple are more controversial.
On the basis of theoretical calculations, Woodruff and Marg-
erunt? estimated thaE® = +1.42 V. According to Stanbury
and co-worker®® this value would be consistent with a larger o . e
than diffusion-controlled rate constant for the reverse step of of the reorganizational energies and an exact description of the
reaction 14. Their estimate fd&° is +1.33 V. For the self- self-exchgnge process coulo_l not be glven.. B
exchange rate constant two markedly different values were The third-order term requires the formation of a transition
published. Adedinsewo and Adegite have repdftég, = 7 species with a composition o_f CJ_»Q?*. By analqu with the
x 107 M~ s, However, on the basis of that paper, it is not other path, eq 9 can be rewritten in the following form:
clear if this value is given for the/lI~ or the t/I,~ couple. The
considerably smaller than expected diffusion-controlled rate CIO,I™ + |
constant was attributed to solvent reorganization in the activation
process. Stanbury and co-workers concludedsd.20° M~ (9a)
s™1 as a lower limit for the same rate const&htThis value o 2= = e
seems to be more reasonable for redox couples involving a CIO ;" —{CIO,I" + 11— CIO, +1" +1 Kap
radical species. The results presented here lend further support
to the conclusions of Stanbury and co-workers. When their data (9b)
was used, a satisfactory agreement was found between the
experimental and calculated rate constants for the cross reactiongy
ki = 926 M1 st andk; 3 = 679 M1 s71. With other
literature parameters, much larger deviations were obtained
between these values.

In the case of related reactions of iodide ion, earlier attempts
for the interpretation of the third-order term in eq 2 were based (23) Stanbury, D. Minorg. Chem 1984 23, 2914.

(24) In ref 15,ki1 was defined for a third-order process which led to

In eq 13,ki2 (= kiKy) and Ky, are the rate constant and
equilibrium constant for the cross reaction:

Clo,+ 1" =Clo, +I' (14)

The main problem with the considerations of Adedinsewo
and Adegite is that the Marcus theory cannot be directly applied
for the overall third-order term. This problem was discussed
by Stanbury and co-workers in det#il. The theory implies a
bimolecular electron exchange proceksg)(between 2t and
I,~, which was interpreted by postulating the highly hypothetical

—,1~ species>23 With this self-exchange process the Marcus
heory predicted the rate constants for a few selected reactions
reasonably welt> In other cases, including the CloI~
reaction, the agreement is less satisfactory (Tab#é 2).order

to justify the proposed self-exchange process the Franck
Condon barrier was estimated for the/l—,1~ redox couple on

the basis of various modedd. Still, a quantitative interpretation

= Clo,lI,* K,» fast pre-equilibrium

ClO,l,>” —ClOo,” +1,~ Ko, (9b,)

(18) Marcus, R. A.; Sutin, Nlnorg. Chem.1975 14, 213. incompatible dimensions in egs 12 and 13. The problem was corrected
(19) Latimer, W.Oxidation Potentials2nd ed.; Englewood Cliffs: Prentice- in ref 23 by introducing the ion-pair formation constakifp, for the

Hall Inc., N.J., 1952. 17,1~ species. While the new interpretation of the self-exchange
(20) Stanbury, D. MAdv. Inorg. Chem1989 33, 69. reaction betweent and I,1~ resolves the problem of incompatibility,
(21) Awad, H. H.; Stanbury, D. MJ. Am. Chem. S0d.993 115, 3636. it does not significantly modify the value of the calculated rate

(22) Woodruff, W. H.; Margerum, D. Winorg. Chem.1973 12, 962. constants for the cross reactions.
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Table 3. Activation Parameters for the Oxidation of lodide lon

AH|* AS* AG|t 298 AH”* AS|* AG“t 298 AH”t - AH|t AG||*—AG|*
oxidant (kJ/mol) (J/(mol K)) (kJ/mol) (kJ/mol) (J/(mol K)) (kJ/mol) (kJ/mol) (kJ/mol)
Os(bpy)®+ 2 72.9 -31.0 82.1 38.1 —-41.9 50.6 —34.8 —-31.5
Os(phengt 2 57.4 —-16.7 62.4 31.4 —54.4 47.6 —26.0 —14.8
IrBrg2=b 331 —100.5 63.1 17.7 —110.5 50.6 —15.4 —12.5
Clos 354 —63.5 54.3 36.7 —43.2 49.6 1.3 —-4.7

aReference 13? Reference 15¢ This work.

This approach assumes that (i) the fast formation of a second AG' = AG, + AG,+1In2
outer-sphere complex precedes the actual redox step and (ii)
the rate-determining step is the electron-transfer process within AG," = AG,  + AG,+ AG,,+In2
the complex. Thus, the experimentally determined rate constant
can be given as followsk; = 2kopKaKa2. As indicated, the AG,,* _ AG,* _ AGzlf _ AGl* + AG,,

immediate products of the redox step are not well defined in - - )

this case. Therefore, successful application of the Marcus ©On the basis °¢f these equations, and providedhat 1.0
theory, which requires the exact knowledge of the self-exchange (AGza > 0) AGz" — AG," < —4.7 kd/mol (Table 3), i.e., the
electron-transfer steps, seems to be extremely difficult. In earlier energy barrlt_ar Qf th? electro_n transfer_ls smaller througtk.the
studies with Os(pheg}" and Os(bpy* as oxidantd? it was path. Only limited mformgﬂon is available for the actlyatlon
suggested that th&H,* — AH,* difference is roughly equal to pflrameters of r¢elated rf?‘C“O”S of(Tablg 3). Forthe IrBf —
the enthalpy of formation of the1 radical AH° = —23.4 kJ/ :Beigit;;ncﬁ%p]e_si?n(isl;rlscrr?a%igecﬂam: :gggtgggge;goere'
mol25.). This Igd toar_:onclusmn that the actual elegtron-transfer expected to be much smaller than for the €40 reaction.
step is associated with the same-1* bond formation as the

f . fo- A di h derati would Thus, the results indicate an even more significant difference
ormation of p~. According to these considerations Wou between the energy barriers of the two pathways than in the
form directly from the outer-sphere complex in reaction.9b ¢, |- reaction. For the reactions of the osmium complexes
As shown in Table 3, in other systems the agreement betweenAGZa < 0 cannot be excluded. However, in order to predict a

AH'!jF - AH* ar_1d AH?® is not so convincing. The observe(_j more favorable second-order than third-order path, an unrealisti-
deviations may indicate either that the reactions proceed via acgjly small value needs to be considered &AB,. In other
diffgrer\t path or that other factors also have significance in the wordsK,, should be larger than 390 M (Os(pheny**) or 3.3
activation process. x 106 M~1 (Os(bpy}3H).

Mechanistic details of the third-order path can be evaluated It seems, regardless of the charge product of the reactants,
by comparingk; andk;. The ratio of these rate constants is that the same mechanism is operative in all systems. In general,
given as follows:ky/kj = (2kopKaKa2)/(2kiKa) = (kon'k1)Kaz The a longer distance and weaker interactions are expected between
value ofKj, in this expression can be estimated on the basis of the redox centers in the third-order transition state as compared
the Fuoss equatioif. According to literature data, the stability ~ to the second-order path. Still, the electron-transfer step within
constant of the outer-sphere complex between a charged and &he activated complex is always faster in the third-order process.
neutral species is around 0.3 #in the absence of specific ~ This finding, in spite of the very qualitative nature of the
interactions’ The estimation oK is less straightforward; ~ considerations presented here, lend some support to the as-
however, on the basis of electrostatic and statistical consider-SUmPption that the third-order process also occurs via an outer-
ations, it is probably even smaller th#a. Accordingly, by ~ SPhere mechanism.
using the data from Table kpp'k; > 7.0. This indicates that Acknowledgment. This work was supported by the U-S.
the electron transfer within the precursor complex is more Hungarian Scientific and Technology Joint Fund under JF No.
favorable in the third-order process than in the second-order 92b-263. Part of the instrumentation used in this study was a
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