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Abstract: The chlorite-iodide reaction is unusual because it is substrate-inhibited and autocatalytic. Because
analytically pure CIQ ion is not easily prepared, it was generaitegitu from the rapid reaction between Gl@nd

I~. The resulting overall reaction is multiphasic, consisting of four separable parts. Sequentially, beginning with
mixing, these parts are the (a) chlorine dioxide-iodide, (b) chlorine(lll)-iodide, (c) chlorine(lll)-iodine, and (d)
hypoiodous and iodous acid disproportionation reactions. The overall reaction has been studied experimentally and
by computer simulation by breaking it down into a set of kinetically active subsystems and three rapidly established
equilibria: protonations of chlorite and HOI and formation ©f.I The subsystems whose kinetics and stoichiometries
were experimentally measured, remeasured, or which were previously experimentally measured include oxidation of
iodine(—1,0,+1,+3) by chlorine(041,+3), oxidation of I by HIO,, and disproportionation of HOI and HYO The

final mechanism and rate constants of the overall reaction and of its subsystems were determined by sensitivity
analysis and parameter fitting of differential equation systems. Rate constants determined for simpler reactions
were fixed in the more complex systems. A 13-step model with the three above-mentioned rapid equilibria fits the
overall reaction and all of its subsystems over the rangg ft 1073 M, [CIO; o < 1073 M, [I T]¢/[ClIO27]o = 3—5,

pH = 1-3.5, and 25C. The derived model with all experimentally determined rate and equilibrium constants fits
both the overall reaction and all of its subsystems within 1% relative accuracy.

Introduction 108 M~1 s715 in different modeling efforts. Similarly large
) o ~variation is seen in the rate constant found for the HGCI
Rate constants of reactions between iodine- and chlorine- o, reaction: ¢ 1 x 10334 and 2 x 10 M1 s16 The
conta}mmg species are very |mp9rtant in tk_\e mechanlS.m.S of treatment of iodine hydrolysis in the models differs substan-
chlorite/chlorine dioxide and iodide/iodine/iodate-containing tially: the forward reaction is described as a pH-deperident

chemical oscillators. Among the "chlorite-driven” chemical 4, pH-independent proce&s. There are also smaller but
oscillatord one of the most versatile is the chlorite-iodide significant variations for the rate constants of the bt |-

reaction, which has become, next to the Belousov-Zhabotinsky (- 1+ 'Hi0, + HOI, HIO, disproportionation, HCI@+ HOI

(BZ) reaction, perhaps the most widely studied reaction in gnq HCIQ + HIO, reactions. Since most of the rate constants
nonlinear chemical dynamics. The past 15 years has withessedyt previous models had not been measured directly, we decided
publication of more than 200 articles on this reaction. These (4 rejnvestigate the chlorite-iodide reaction, which is at the heart
studies have been concerned mainly with the system's nonlinearys -pjorite- and iodine-containing oscillators.
features, such as oscillations, bistability, stirring and premixing Among small molecule inorganic oxidatiemeduction reac-
effects, and spatial phenomehaowever, only a few of these  (iong, the chlorite-iodide reaction is quite unusual, because it is
articles report detailed mechanistic investigations. both substrate inhibited and autocatalytic. lodide, which is a
Previous attempts to model these complex dynamical systemsreactant, inhibits the reaction, and iodine, one of the products,
utilized neither rate constant determinations by parameter fitting accelerates the reaction. This feature was first recognized by
to experiments nor direct kinetics measurements of elementaryBray® and later studied in more quantitative defdi!. Kern
reactions; essentially these studies were qualitative descriptionsand Kin? established a very accurate empirical rate law valid
of oscillations in the chlorite-iodide reaction. Not surprisingly, up to 90% of iodide conversion to iodine. They proposed that
rate constants vary considerably among the different models. the reaction is controlled by HOI-generating iodine hydrolysis:
For example, the rate constant for the reaction between HOCIHQI reacts rapidly with chlorous acid followed by even faster
and HOI was reported to be®® x 10%* 5 x 1(°° and 2x reactions of the intermediates with iodide. This picture is
T Systematic Design of Chemical Oscillators. 94. Part 93: Epstein, | pres-erVEd in t-h? subseque_nt detaile_d_mecha_nisms of Epstein and
R.; Kustin, K.; Lengyel, |. InTaube Insights: From Electron Transfer Ku_Stmb: and Citri and_ Epsteif. The Citri-Epstein m_Odel (C&E),
Reactions to Modern Inorganic Chemistrisied, S., Ed.; American which is the most widely used model of the reaction, reproduces
Chemical Society: Washington, DC, 1996; In press. many qualitative features of the experiments, but significant

* Current address: Chemical Engineering Department, Massachusettsq; i -workeis
Institute of Technology, 66-250, Cambridge, MA 02139-4307. differences remain, as shown by Ross and co-workefs.
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We believe that there are additional problems with these (lll) was prepared from iodate and iodine in concentrated sulfuric®cid.
models. One shortcoming is that such models attempt to fit In a spectrophotometric cell, a small volume {300 uL) of this
data in regions where incomplete mixing seriously affects solution was injected into a precooled NaOH solution, the concentration
oscillations!®1° without explicitly taking into account any such of which was calculated to allow the final solution to reach the desired

interference with the chemical kinetics. The best model should pH of the sulfate buffer. The temperature of the solution after dilution
; S . 25+ 1 °C.
contain a set of rate constants that make it possible to account"®> c . . .
Hypochlorous acid was prepared from the reaction of chlorine water

for the eﬁ(.:"(.:ts of incomplete mixing using the appropriate and HgO (Flukaf® Excess HgO was mixed with water and a ¢Cl
physical mixing model. None of the models proposed to date gqjytion of chlorine. After the solids were filtered off, GGhas
includes triiodide ion explicitly. Inclusion ofsT in C&E, for separated from the water phase containing HOCI, and the remainder
example, would modify the entire dynamics. Another problem of CL,O in the CC} phase was extracted into water. The HOCI in the
is that HOI, which is the most significant intermediate in the water phase was further purified by distillation. The distilled HOCI/
reaction, becomes protonated around pH 2 (the most frequentlyCl.O was dissolved in cool water. HOCI obtained this way was free
used experimenta| pH) One Consequencemni{ formation from any lower or higher oxidation states of chlorine and from other
is that the mechanism of iodine hydrolysis changes in going ions and was stored at&.

from pH 3 to pH 1 (see a detailed analysis in ref 20). These T_he ionic strength of the reaction mixtures was fixed_ at 0.3 M by
models do not account for such changes and consequently canndtdding calculated amounts of NaGl@ the buffer solutions. The
correctly describe the pH dependence below pH 3. NaClQ, was obtained by fitrating HClOwith NaOH.

To obtain a more experimentally b d mechanism of th Methods. Every reaction was studied by spectrophotometry with
0 obtain a more experimentally base echanism of 1€ ., yp giode array spectrophotometer. In the case of slower reactions

title reaction we studied the kinetics not only of the chlorite- 5 gtireq spectrophotometric cell was used as a reactor, while in the
iodide reaction but also that of its subsystems, including the case of the chlorite-iodine and hypochlorite-iodine reactions, the HP
chlorite-iodine, hypochlorous acid-iodine, hypoiodous acid, and diode array spectrophotometer was combined with a HiTech stopped-
iodous acid disproportionation reactions and fitted the appropri- flow. The dead-time of the stopped-flow apparatus was about 5 ms,
ate rate constants of these reactions to the kinetics data. Weand the maximum collection rate of the diode-array photometer was
therefore obtained a self-consistent set of rate constants for thelO Hz. Since the time scale of these reactions is in the 10 s range,
overall reaction, which we now present. time resolution errors are negligible. Every reaction was measured
simultaneously at several different wavelengths or in a wavelength
range. Comparisons were made between experiments that used a light
filter which blocked light below 300 nm and those that used no filter.
Materials. All chemicals were Fisher reagent grade unless noted Within experimental error, no difference was detected. As a further
otherwise. Sodium chlorite (80%, Aldrich) was purified as described check on whether light induced a reaction in this system, we varied
earlier?! and stock solutions were kept in the dark. The chlorite content the shutter opening time from 0. L s at 1 Hzcollection rate and
of the purified chlorite was 98.& 0.5% by iodometric titrations. found no detectable effect. At least three replicate runs were averaged
Chlorine dioxide was prepared as described in the liter&tulledine for each concentration set. The spectra of the reaction mixtures were
stock solutions were prepared by dissolving crystalline iodine in double- analyzed and the number of independent absorbing species was
distilled water. The iodide content was checked by measuring the determined by Coleman-Varga-Mastin's metAbdAll measurements
spectrum of the solution at the experimental pHs. The iodide content were performed at 25 0.2°C, except for the HI@disproportionation
was determined from this measurement, the spectra of iodine andwhere the temperature was 251 °C.

Experimental Section

triiodide, and the triiodide formation equilibrium constant. It was In reactors stirred at moderate speeds (3600 rpm), imperfect
consistent with the equilibrium concentration of iodide originating from mixing can arise in the chlorite-iodide reaction, which causes irrepro-
iodine hydrolysis. ducible results. Fortunately, proper order of addition of reagents can

The organic content of “distilled water” reacting with iodine could prevent this occurrence. If the reactor contains a chlorine dioxide
produce different iodide concentration levels in acidic media; conse- solution to which a lesser amount of iodide ion solution is added, which
quently, special precautions were taken to avoid this interference. Forwe refer to as Cl-order, chlorite and iodine are so rapidly produced
studying the kinetics of the HOCF |, and HCIQ + |, reactions we that the secondary reaction and mixing rates are competitive. Because
used organic-free, high purity water for the stock solutions and the iodide concentration is so low, there is virtually no inhibition, and
determined the iodide content of iodine stocks in acidic media. In all the reaction between chlorite and iodine follows immediately. Depend-
cases [f] was close to that concentration originating solely from iodine ing on the rate of iodide addition and the average mixing time, different
hydrolysis. These iodide concentrations were considered in the amounts of iodine will be consumeltiring mixing A similar situation
calculations as initial values, although they did not make a significant occurs if chlorite replaces chlorine dioxide in the reactor when its

difference in the resulting kinetics curves. concentration is above 1®M and the pH is 2 or less.
Hypoiodous acid was generated by the instantaneous hydrolysis of To avoid this source of error, the following reactor configuration
ICI23 dissolved in methyl alcohol. Small amounts {5800uL) of ICI was used. The reactor contains iodide ion, to which a lesser amount

solution were injected into 2.5 mL of sulfate buffer solutions. lodine- of chlorine dioxide solution is added (IC-order). In this case, iodide
is always in excess, the chlorite-iodide reaction is slow (strong |

(11) Stemwedel, J. D.; Ross, JI. Phys. Chem1993 97, 2863. inhibition) and the chlorite-iodine reaction does not occur to an
28élf) Strasser, P.; Stemwedel, J. D.; Ross]. Phys. Chem1993 97, appreciable exten_t during the mixing process. Reproducible kinetics
(13) Roux, J. C.; Boissonade, J.; De KepperPRys. Lett. AL983 97, curves were obtained with IC-order. At 300 rpm with Cl-order, the
168. time at which all the iodide is consumed (peak of Figure 1) can be as

(14) Boukalouch, M.; Boissonade, J.; De Keppek].-Chim. Phys. Phys.- much as ten times shorter than that found with IC-order. At higher

Chim. Biol. 1987, 84, 1353. stirring rates, the Cl-order experiments get closer to the IC-order
(15) Boissonade, J.; De Kepper, P.Chem. Phys1987, 87, 210. _ experiments, and above 1200 rpm they are indistinguishable in the
(16) Menzinger, M.; Boissonade, J.; Boukalouch, M.; De Kepper, P.; . . .

Roux, J. C.; Saadaoui, H. Phys. Chen1986 90, 313. spectrophotometric cell we gsed. However, the higher st_lrrlng rate
(17) Menzinger, M.; Giraudi, AJ. Phys. Chem1987, 91, 4391. makes the spectrophotometric measurements extremely noisy, because
(18) Ochiai, E. I.; Menzinger, MJ. Phys. Chem199Q 94, 8866. of cavitation and vortex formation. With the IC-order the reaction is
(19) Ali, F.; Menzinger, M.J. Phys. Chem1991, 95, 6408.

(20) Lengyel, I.; Epstein, |. R.; Kustin, Knorg. Chem1993 32, 5880. (24) Noszticzius, Z.; Noszticzius, E.; Schelly, Z. A.Phys. Chenl983
(21) Nagypa |.; Epstein, I. R.J. Phys. Chem1986 90, 6285. 87, 510.
(22) Lengyel, I.; Rhai, G.; Epstein, I. RJ. Am. Chem. S0d99Q 112, (25)Handbook of Preparatie Inorganic Chemistry2nd ed.; Brauer,

9104. G., Ed.; Academic Press: New York, 1963; Vol. 1, p 308.

(23) Wang, Y. L.; Margerum, D. W.; Nagy, J. @. Am. Chem. Soc. (26) Coleman, J. S.; Varga, L. P.; Mastin, S.IHorg. Chem.197Q 9,

1989 111, 7838. 1015.
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Figure 1. The multiphasic kinetics curve of the chlorine dioxide-iodide
reaction. [CIQ]o = 2.47 x 10* M, [I " ]o = 8.0 x 104 M, pHo =
2.15, [SQ?7] + [HSO,7] = 0.05 M, ionic strength= 0.3 M.
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stirring rate independent if the stirring rate is higher than 300 rpm. We
used the IC-order with stirring rates about 500 rpm.

Experimental Results

Overview. Since analytically pure chlorite is not easily
prepared, in these studies we choseirasitu preparation of
chlorite from the fast reaction between chlorine dioxide and
iodide. By using chlorine dioxide as a source of chlorite, the
purity of chlorite is not a question since chlorine dioxide can
be purified very easily. Also, the initial presence of iodine,

Lengyel et al.

lodate is always one of, but not the only, product of part (c) in
any experiment, even at high iodine excess. At chlorite excess
the stoichiometry is even more complicated, because reaction
between CI(I1l) and HOCI to produce Cj®ecomes significant.
The stoichiometry of this reaction also varies with the ratios of
reactants and product chloride. However, for our experiments,
chlorine dioxide formation never occurs in part (c). With ratios
of [17]o/[ClO3]o between 3 and 5, the [CHOJ/[l 7] ratio in part
(c) is always smaller than 0.33; consequently, iodine is in high
excess. These conditions prevent chlorine dioxide formation,
resulting in simpler reactions for part (c) and the ensuing part
(d).

Part (d) is a slow disproportionation of HOI and BI@®
molecular iodine and iodate. The stoichiometries of the
disproportionations are

5HOI = 21, + 10, + 2H,0 + H" (6)

5HIO, =1, + 310, + H,0 + 3H" @

The different parts of the overall reaction are well separated
from each other (Figure 1). Parts (b), (c) and (d) are the chlorite-
iodide reaction; the reaction between chlorite and iodine and
the parallel hypochlorite-iodine reaction occur in parts (c) and
(d); the disproportionation of iodine(l,+3) takes place in part
(d).

The relationships between the different reactions are dia-
grammed in eq 8. The direction of an arrow indicates that the
reaction at the base of the arrow plays a determining role in the

which is an autocatalyst, makes the reaction more reproduciblereaction at the tip of the arrow.

and faster. Control experiments using pure chlorite, iodine, and
iodide in comparable concentrations give the same kinetics

curves as shown in Figure 1. The first part of the chlorine
dioxide-iodide reaction is rapid in the 1M concentration
range?? It is complete in a few seconds and produces chlorite
and iodine according to the following stoichiometry and rate
law:

1
2
It is useful to examine a characteristic kinetics curve for the
whole course of the multistep chlorine dioxide-iodide reaction
(Figure 1). The first fast increase of iodine, part (a), is due to
reaction 1. Then, in part (b), the chlorite (chlorous acid)

Clo,+ 1 =Clo, + v=16.0x 107CIO,][I 7T (1)

8)

HOCI + HCIO,/CIO; | %

Although the reverse reactions of iodine hydrolysis are present
in the disproportionation of HOI and HiQthey do not have a
determining role in the kinetics. However, in the cases of the
chlorite-iodide, chlorite-iodine, and hypochlorite-iodine reac-

produced in reaction 1 reacts with the excess iodide to producetions, the iodine hydrolysis has different controlling roles

more iodine in an accelerating reaction. The stoichiometry of
this part of the curve is well described by

CIO, +4I" +4H " =2,+CI +2H,0 (2

discussed below. The unfilled arrow from the HOEHCIO,/
CIO;~ reaction indicates that this reaction is important only at
certain experimental conditions and can be completely separated
from the others. Equation 8 will be a guide for investigating

When iodide is consumed, the excess chlorite of reaction 2 react<N® component processes.

with iodine in a rapid reaction, which is part (c). The higher

the chlorite excess of reaction 2, the more significant the portion
of iodine that is consumed. The stoichiometry of this process

varies with the ratio of chlorite and iodine; it also depends on
their initial concentrations. During part (c), when iodine is in

excess and the chlorine-containing species are CI(l11) and ClI

the iodine-containing products of this fast reaction, which is
complete when all chlorite is consumed, are HOI, hihd

103~. The combination of the next three overall stoichiometric
processes can describe the actual product ratio:
HCIO, + 21, + 2H,0 = 4HOI + CI” + HY 3)
3HCIO, + 21, + 2H,0 = 4HIO, + 3CI" + 3H" (4)
5HCIO, + 21, + 2H,0 =4l0,” + 5CI" + 9H"  (5)

In this section we show experimental results beginning with
the overall chlorine dioxide-iodide reaction, and then proceed
systematically through its subsystems. In the following sections
we present determinations of the rate constants of the component
processes by fitting the parameters of the subsystems and a
discussion of these rate constants and their relations to each
other.

The Overall Chlorine Dioxide-lodide Reaction. As we
have seen (Figure 1), the chlorine dioxide-iodide reaction is
complex, consisting of different, comparatively well separated
subprocesses. By analyzing the spectrum of the reaction mixture
(Figure 2) after the first fast consumption of chlorine dioxide,
we can identify three absorbing species above 300 nm: iodine,
triiodide, and HOI and/or HIQ The species HOI and HIO
cannot be separated because of their overlapping spectra and
their small absorbances between 300 and 320 nm. Triiodide
ions are present until iodide is absent in the reaction mixture.
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Figure 3. Kinetics curves of the chlorine dioxide-iodide reaction: (A)
chlorine dioxide dependence and (B) pH dependence. Dots represents
experimental points and solid lines are fitted:]fl= 8.0 x 107 M,
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different views showing characteristic absorbances of different species.[SO2"] + [HSO,~] = 0.05, ionic strengti= 0.3 M in every experiment.

[CIOz]o = 2.84 x 107 (a), 2.47x 107 (b,e,f,g), 1.97x 1074 (c) and

lodide ions are consumed by the time the iodine concentration 1.70 x 1074 (d) M. pHo = 2.15 (a-d.,f), 1.62 (e), and 2.96 (g).

reaches its maximum, HOI and HjGre formed during the

fast iodine consumption, and their disproportionation produces

more iodine. The optimum wavelengths for following the
kinetics are 470 nm (isosbestic point of iodine and triiodide),
350 nm (triiodide maximum absorptivity), and 320 nm (HOI

maximum absorptivity). The kinetics were studied at several

fixed initial iodide concentrations (8, 4, 2, andx1 1074 M),

and the initial chlorine dioxide concentration was changed to

reach ratios of [t]o/[ClO]o between 3.0 and 5.0. In this range

pared with HOI/HOI*. Its reactivity would have to be much
higher than that of HOI to cause any significant kinetic effect.
Because of these considerations, and to have more adequate
kinetics curves for parameter fitting, we reinvestigated this
reaction.

In Figure 4 we show how the spectrum of the reaction mixture
changes in time for excess iodine (A) and chlorite (B). With

of reactant ratios the reaction is easily measurable and veryiodine in excess, HOI and HiOntermediates form in parallel

reproducible. The pH dependence of the reaction was inves-With iodine consumption. With chlorite in excess, chlorine
tigated between pH 1 and 3. In Figure 3 we show some dioxide formation can be observed clearly from its characteristic

representative kinetics curves of the reaction with changing SPectrum.

initial iodide concentration (A) and changing pH (B). The time
at which the maximum in the iodine absorbance appdaks (

Chlorine dioxide is important in the closed system oscillations
of the chlorite-iodide-malonic acid reacti®nand in Turing

depends critically on the ratio of reactants but changes only pattern formation when chlorite is in high excess over iodide

slightly with pH, although the change in hydrogen ion concen-

tration is two orders of magnitude.

The Chlorous Acid-lodine Reaction. This reaction is
responsible for the kinetics of parts (c) and (d) of Figure 1.
The reaction has already been studi@@particularly at high
chlorite excess. Rmi and Beck assigned a key role to ICI;

and at high initial reactant concentratiorsl0—3 M). However,
ClO, formation need not occur under all conditions used in the
chlorine dioxide-iodide reaction or in open system studies of
the chlorite-iodide reaction, which are used in analyzing
oscillations and stirring effects. Modeling studies showed that
the kinetics of the chlorous acid-iodine reaction is independent

however, the reaction occurs not only at high initial reactant of the chlorous acid/chlorite-hypochlorous acid reaction. After
concentrations, where ICl may be present, but also at low investigating the kinetics and mechanism of the latter reaction
concentrations, and their model cannot account for the entirein detail, we found that the mechanism of chlorine dioxide
concentration range. More importantly, they assumed a slow formation in the HOCH HCIO,/CIO,™ reaction is much more
rate of hydrolysis for ICl, but subsequent experimental studies complex than that of the chlorite-iodide reaction and is well
reveale@® that ICI hydrolysis is several orders of magnitude separated from the latter. Since the mechanisms of the two
faster than assumed by B and Beck. Consequently, the reactions are distinct, rate constants derived from models of the
hydrolysis of ICI cannot have a rate-limiting role. In most two reactions are not correlated with each other. For clarity
experiments its equilibrium concentration is lowg%) com-  and a better understanding of the chlorite-iodide reaction, we
will report the kinetics and mechanism of the HOEHCIO,/
CIO,™ reaction separately.

(27) Grant, J. L.; De Kepper, P.; Epstein, I. R.; Kustin, K.; Grbi.
Inorg. Chem.1982 21, 2192.
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stoichiometric excess b = 2.3 x 10 M and [CIO;]o = 3.04 x + [HSO,] = 0.05 M and ionic strength= 0.3 M. Dots represent
10~ M; (B) chlorite excess, pflo = 1.9 x 10* M and [CIQy)]o = 1.2 experimental points and solid lines are fitted.
x 1073 M. [SO27] + [HSO,7] = 0.05 M, ionic strengtk= 0.3 M and
pHo = 2.01 in both cases. The Disproportionation of Hypoiodous Acid. Dispropor-

Kinetics curves of the chlorous acid-iodine reaction are shown 1onation of hypop_dous acid was studied by several gr§ups
in Figures 5 and 6, in which the initial chlorite, iodine, and at different conditions, and rate constants between 5 and 250

1 gl ; ;
proton concentrations are varied. The initial rate is independent'vI S— were reported. E_;ecause Of_ these _dlfferences, \.’\{h'Ch
of the chlorite concentration (Figure 5A): however, it is iodine- c2nnot be explained by differences in experimental conditions,
and pH-dependent (Figure 6 (parts A an'd B) Fiéures 5 and 6 Ve carried out experiments to redetermine the kinetics of this

indicate that the hydrolysis of iodine may be the rate limiting rgflr::ttl.on. F_Il%urth shot\)/vs tti;'e changfe n theHspIecr'::julm 9f HOI
step in these chlorous acid-iodine experiments. The pH with time. € three absorbing species are H@lahd 1Q™.

dependence of the reaction is interesting (Figure 6B): the An(;sosbest?c }:r:omt a::}i?:lhnm, where !ogme ear}dt hypmodonis ¢
kinetics becomes autocatalytic with decreasing pH. acid absorb, snows tnat there areé no intermediates present a

The Hypochlorous Acid-lodine Reaction. The HOCI-b high concentrations during disproportionation.
reaction was studied in excess HJCHowever, this condition The Disproportionation of lodous Acid. The kinetics of
hardly ever occurs in the chlorite(chlorine dioxide)-iodide this reaction were measured previously in highly acidic media

reaction, because HOCI is produced by the reduction of chlorite @d found to be slow and autocatalytfe® Since our reaction
by several species, each of which will react with HOCI, too, System operates at lower acid concentrations, we reinvestigated

To obtain relevant data at stoichiometric excesses of iodine, the reaction close to our experimental conditions. Figure 10
we reinvestigated the reaction. Figure 7 shows how the Shows the spectrum of the reaction mixture as it changes with

spectrum of the hypochlorous acid-iodine reaction changes with ime.  The formation of iodine is autocatalytic, similar to
excess iodine and hypochlorous acid. At low pH and excess Noszticziuset a_l.’s observations. _Several klnet|c$ curves were
hypochlorite the reaction is autocatalytic. At lower wavelengths Measured at different concentrations of Hiihd different pH

the production and consumption of HOI and Hi@n be clearly ~ Values. Changes in pH between 1 and 2 do not modify the
seen. On alonger time scale, these species will disproportionatekinetics  significantly. Because of the high sulfuric acid
and produce iodine. Although the kinetics curves of this concentration used in the preparation of kile experimental
reaction are complex, it is simpler than the chlorous acid-iodine conditions for studying the disproportionation are very limited.

reaction, because all the reactions of Hgl®@ith iodine- o

containing species are missing. Figure 8 shows the kinetics of Détermination of Rate Constants

this reaction with changing hypochlorite (curvesd, iodine To determine the rate constants of likely quasi-elementary
(curves d-g) and hydrogen ion concentrations (curvesjh and nonelementary processes we fitted the kinetics curves of
The initial rates are nearly independent of hypochlorite con-
centration but depend on the iodine concentration and pH as in  (28) Furrow, SJ. Phys. Cheml987, 91, 2129.

the chlorite-iodine reaction. At hypochlorous acid excess and 1(513)98““0“' G.V.; Sellers, R. J. Chem. Soc., Faraday Trans1885

lower pH, the reaction is autocatalytic. The autocatalytic feature ~'(309) Thomas, T. R.; Pence, D. T.; Hasty, R. A.Inorg. Nucl. Chem.
is much more pronounced than in the chlorite-iodine reaction. 198Q 42, 183.
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Figure 6. Kinetics curves of the chlorous acid-iodine reaction with

changing initial iodine concentration (A) and pH (B)]fl= 3.81 x

ig: gg;’ai'gixgéf_;ﬁ'(fl_%‘l@ [1g|_c4) ((,:]) i'%GJXlg_Oif(g‘_le‘)oslxo Figure 7. Spectra of the hypochlorous acid-iodine reaction at iodine
P _ )V 2 10 : s (A) and HOCI (B) stoichiometric excesszJd = 3.2 x 1074 M, [HOClI]o

x 1077 () M; pHo = 1.89 (a-e), 1.19 (f), 1.74 (9), 2.23 (), 250 _'g o3, 104 M in (A) and [Io]o = 2.95 x 104 M, [HOCI]o = 1.25

(i), 2.82 (j); [SQ2] + [HSO,] = 0.05 M and ionic strengtkr 0.3 < 10-3Min (B). pHo = 1.66, [SQ?] N (HSO: | —0.05 M and ionic

M. Dots represent experimental points and solid lines are fitted. strength= 0.3 M in both' (A’) and (B). '

the above experiments. Except for the hypoiodous acid dis-
proportionation, the parameters of the differential equation
systems derived from possible simpler reactions were fitted.
Sensitivity analysi® was used to evaluate different reaction
schemes to find the most plausible mechanisms.

Altogether, kinetics curves of the various reactions were
measured at more than 60 different experimental conditions,
and 3-5 replicate curves were averaged to improve the signal/
noise ratio. We used 5250 points from each experimental
curve for fitting, depending on the complexity of the curves.
For the chlorine dioxide-iodide reaction more than 200 points
were used because of its multiphasic shape. Often, the fitting
procedure suggested new experiments at different initial con-
centrations or with simpler subsystems to obtain additional data
from which specific rate constants could be determined with
greater sensitivity and with the least possible correlation with
other parameters. For statistical analysis the goodness of fit
statistic§? of different models were compared. With the
exception of the iodous acid disproportionation, whBfe=
0.99,R? > 0.995. In all other cases, Model Selection Critétia
> 6.5. The elements of the main diagonal of the correlation
matrix of fitted parameters were smaller than 0.6, and the
residuals with absolute fitting were smaller tharx3L0~2 and
with orthogonal fitting were smaller than 19 In the fitting 1
procedure, we started from the simpler kinetic systems and[l; ] = +
proceeded to the more complicated ones, fixing the previously 2(K|37 T+ le)
determined rate constants to make them uncorrelated with the 1 \/( 1

new unknown parameters. Consequently, rate constants at the
higher level describe all of the lower level subsystems, the whole
mechanism comprising a self-consistent set of rate constants.

The rate constants so determined depend on the values of
certain equilibrium constants discussed below. For future
modeling, we recommend using the rate constants with the
related equilibrium constants to have a self-consistent set of
parameters that describes all the experiments done at these
experimental conditions.

Rapid Equilibria in the Chlorine Dioxide-lodide Reaction.
The criterion used to define a rapid equilibrium was a relaxation
time shorter than 5@s, which is about an order of magnitude
shorter than the relaxation time of the next slowest equilibrium,
the iodine hydrolysis. Foremost among the rapid equilibria is
triiodide formation, since, as was observed by Kern and Kim,
triiodide ions are not reactive. The reactivity of triiodide in
other reactions is in accord with this observatiér?® With
formation of k=, a significant portion of iodide and iodine is
captured in this unreactive complex. Using the equilibrium
constantK,,- = [I37)/[l2][l 7], with total iodide T- = [I7] +
[I57] and total iodine T, = [l2] + [I3~] concentrations as
variables, the triiodide concentration can be expressed as

(31) Turanyi, T. Computers Chenl99Q 14, 253. 2

(32) Peintler, GZita, Version 4.0: A Comprehens Program Package
for Fitting Parameters of Chemical Reaction Mechanishmstitute of
Physical Chemistry, Attila Jsef University: Szeged, Hungary, 1995. (34) Bazsa, G.; Beck, M. TActa Chim. Hung1972 73, 425.

(33) MINSQ: Nonlinear Parameter Estimation and Model:®pmerit (35) Adegite, A.; Egboh, Hlnorg. Chim. Actal977, 21, 1.
MicroMath Scientific Software: Salt Lake City, 1990. (36) Yiin, B. S.; Margerum, D. WInorg. Chem.199Q 29, 1559.

2
m) + 4T|,T|2 (9)
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Figure 8. Kinetics curves of the hypochlorous acid-iodine reaction:
hypochlorous acid (ad), iodine (d-g) and pH dependencei). [l 2]o
=3.43x 1074 (a—d), 2.42x 1074 (e), 1.61x 107 (f), 8.41 x 105
(9), 1.94x 104 (h), 1.92x 1074 (i), 1.85 x 10°* (j) M; [HOCl]o =
4.01x 1074 (a), 8.04x 107 (b), 1.15x 1072 (c), 1.56x 1072 (d—g),
7.38 x 107* (h—j) M; pHo = 1.66 (a—g), 1.05 (h), 1.39 (i), 2.82 (j).
[SO#7] + [HSO,7] = 0.05 M and ionic strength= 0.3 M in every
case. Dots represent experimental points and solid lines are fitted.

The free, reactive iodide and iodine concentrations are
1=T--105]1

[ = T, - (5]

(10)

In the rate equations of the reactions of iodide and iodine we
will refer to these free iodide and iodine concentrations.

The deprotonation constant of chlorous adGicio, =
[CIO,7][H*)/[HCIO5 has been measured at several ionic
strengths¥’” in our experiments the value is 2 1072 ML
Keeping total chloritd ¢io,- = [CIO; 7] + [HCIO,] as a variable,
the concentrations of the different forms are

[HGOJ—'-QDAHW (11)
Kiicio, + [H']
— Teo,Kicio,
[CIO, ]=

Khcio, T [H]

In the rate equations the two relations of eq 11 will be used to
replace [HCIQ] and [CIO,T].

The deprotonation constant ob8I+ Kot = [HOIJ[H Y/
[H2OI™] was measured by Bell and Gell&who determined
the pH dependence of iodine hydrolysis. Independent experi-
ment$°® confirmed their results. Spectrophotometric experi-

(37) Hong, C. C.; Rapson, W. KCan. J. Chem1968 46, 2053.
(38) Bell, R. P.; Gelles, EJ. Chem. Socl1951, 2734.
(39) Allen, T. L.; Keefer, R. MJ. Am. Chem. Sod.955 77, 2957.
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Figure 9. The course of spectra during the disproportionation of
hypoiodous acid: (A) 3D representation and (B) showing the isosbestic
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Figure 10. Spectra of the disproportionation of iodous acid. [RHKO
=5.1x 104 M, pHo = 1.42, 0.7 M sulfate buffer.

ments for studying the disproportionation of HOI show the
existence of this equilibrium by a shift in the spectrum of HOI
to lower wavelengths as pH decreases from 2 to 1. Keeping
the total HOI concentratioMyo = [HOI] + [H20I1] as a
variable, the concentrations of the two iodittd{ forms are

THOI[H+]

H,0I" = ————
Kior +[H']

12)

THOIKHZOH

HOIl = ————
Ol KH20|+ +[H']

In the rate equations the two relations of eq 12 will be used to

replace [HOI] and [HOIT].
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When the pH of the reaction mixtures is higher than 2.5, the concentrations change. From a knowledge of the equilibrium
buffer capacity of 0.05 M sulfate may not be high enough to constant of iodine hydrolysis, the two reverse rate constéfts (
keep an approximately constant pH. We therefore tested buffercan also be calculated. The rate constants obtained are
capacity. The value of [H did not differ by more than 10%
before and after the reaction, due to low reactant concentrationsk! . = 1.98x 10 °Ms*

Because of this result, we did not include the rapid protonation * ‘ 11
of sulfate ions explicitly in modeling, but treated the pH as k{za: k|2a/K|2’=‘ 3.67x 10°M s (16)
constant.

Rate Constants for lodine Hydrolysis. lodine hydrolysis k{b =552x 10 ?s?

(and its reverse) is one of the most important processes in this ° ‘ 1
reaction system. It participates in every subsystem of eq 8 in k{zb = kIZbKHZOH/ K|2 =348x 1°M's
which iodine-containing species appear. The overall reaction is
_ . The rate constant of the proton-inhibited path is very close
l,+H,O0=HOI+1 +H (13) to that found by Furrod? (1.8 x 1073). The rate constant of

The kinetics and mechanism of this reaction have already beenth® reverse reaction is the same as that found by Eigen and
studied’®4and rate constants have been suggétediescribe Kustin®® From these rate constants and the equilibrium
experiments in the pH range-3. The mechanism of the iodine constants of the reactions in the detailed mechanism of iodine

hydrolysis is given by the following reaction scheme: hydrolysis?® the remaining rate constants of the detailed
mechanism can also be determined, assuming diffusion limited
HOI+H* rate constants for protonation processes. Our modeling proce-

//' dure verified that the detailed and the simplified versions of

H.OI' +1- iodine hydrolysis give the same kinetics curves for every

’ subsystem, proving that our simplifying assumptions are justi-

fied. Therefore, we can use a single stoichiometry with a more
a4 complex rate equation for iodine hydrolysis.
Rate Constant for the Disproportionation of HOI. The

I H6/
2 2\

LOH™ +H" disproportionation of hypoiodous acid was studied by several
/ \ investigators; the large variation in rate constant cannot be
I, +OH" HOI+1" explained by differences in experimental conditiéh¥. Direct

measurements by Furrow determined values of 28 M1 st
This complex equilibrium system can be simplified substan- with different experimental methods. Fitting experimental
tially for our experiments. (a) The H- OH™ reaction is not curves similar to those shown in Figure 9 gives a simple second
important at pH< 6. (b) All the protonation equilibria are fast. ~ order dependence on the HOI concentration, using wavelengths
(c) I,0H™ does not have any reactions other than those shownwhere either iodine or HOI absorbs. Our results agree with
in eq 14. Thus iodine hydrolysis is considered to occur in two Furrow's studies.
parallel pathways: formation of HOI and through BOI* and

HOI formation through JOH~. With simplifications (a)-(c) v=(22.0+ 1.5)[HOI]2 a7
the detailed mechanism is resolved into two parallel equilibria
with the following rate equations: Rate eq 17 gives an accurate description of both the iodine
formation and the HOI consumption. This simple second order
Via= kfza[lz][H - k{za[Ho|][| ] (15) dependence together with the presence of an isosbestic point

suggests that the rate determining step in the production of
o =K [1,] — K [H OI+][I 8 iod.ine is thg disproportionation process, qnd gll other reactions
b 1pL72 b2 of intermediates are faster. Therefore, in view of the above
rate equation and the kinetics of iodine hydrolysis, there is
The superscripts “f” and “r" refer to forward and reverse rate another important relationship among the rate constants of
constants, respectively. With this scheme we simplify the entire jntermediates, since HiQoes not accumulate in the system.
iodine hydrolysis submechanism without losing significant Ejther the rate of HIQ disproportionation or the rate of the
kinetic detail, provided thatOH~ does not undergo any  HOI(H,OI) + HIO, reaction is significantly faster than the
reactions that are substantially faster than its decay to iodine ordisproportionation of HOI. Moreover, the H}O |- + H*t
to HOI and . We found no evidence that any such fast reaction must be slower than the H®II~ reaction; otherwise
reactions exist with either chlorine-containing species orHIO o second order dependence on HOI concentration could be
To determine rate constants for the tkidn eq 15, we ran observed.
eXperimentS in which iodine hydl‘OlySiS is the rate I|m|t|ng Rate Constants for the Disproportionation of H|O2 and
process: the HCI®+ I and HOCI+ I, reactions. As shown  the HOI/H,OI+ + HIO, Reactions We are aware of two
in Figure 5, the initial rates of these reactions are independentprevious investigations aimed at finding rate constants for the
of the chlorite concentration but depend on the iodine concen- disproportionation of HI@2428 Perhaps because the preparation
tration (Figure 6A). The pH greatly affects the initial rate of H|0, is uncertain, the rate constants differ. Noszticztis
(Figure 6B), because it affects the iodine hydrolysis. The g|. followed the corrosion potential of iodide-selective electrodes
determination of the rate constants in eq 15 is extremely iy the system, and observed that the disproportionation process
sensitive to these experiments; consequently, the values obtainegk autocatalytic. In our experiments, the production of iodine
are accurate and uncorrelated. The solid lines are fitted Curvesincreases autocata|ytica”y, and there is a para||e| autocata|ytic
to the experiments. They show excellent agreement in the initial consumption of HIG, providing evidence that the iodine
rates in Figures 5, 6, and 8, where the iodine anl H production is not delayed, as would be observed for a sequence
(40) Eigen, M.; Kustin, KJ. Am. Chem. Sod.962 84, 1355. of consecutive reactions. This autocatalytic behavior suggests
(41) Palmer, D. A.; van Eldik, Rinorg. Chem.1986 23, 928. that the initiating disproportionation reaction is slower than the
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Table 1. Mechanism of the Chlorine Dioxide-lodide Reaction aff{[CIO; ]o = 3—5, pH= 1-3.5, and 25°C?

n =6 x 10%CIO][I 7]

o= 1.98 x 1073[1]/[H*] —3.67 x 10°9[HOI][I 7]
vap=5.52x 1077l,] —3.48 x 107[H,OI*][I 7]
vs = 7.8[HCIO][I 7]

vs = 6.9 x 107HCIOZ][HOI]

5 = 1.0 x 10F[HCIO][HIO ;]

vs = 4.3 x 108[HOCI][I 7]

v7 = 1.5 x 105 [HOCI][HIO]

vg = 1.0 x 10°[HIO,J[I ][H*] — 22[HOI]?

Vg = 25[H|02]2

v10= 110[HIG,][H,017]

v15= 2.2 x 104[HOCI|[CI-][H*] — 22[Ck)]
v1= 1.5x 1@[C|2][| 2]

V13— 1.0x lOG[Clz][HOI]

Rapid Equilibria:

(M1) ClO, + 1= — CIO;™ + Yy,

(M2) I+ H,O=HOI + I~ + H*

(M3) HCIO;, + I~ + H* — HOI + HOCI

(M4) HCIO;, + HOI — HIO, + HOCI

(M5) HCIO;, + HIO, — |05~ + HOCI 4 H*
(M6) HOCI + I~ — HOI + CI

(M7) HOCI + HIO, — 105~ + CI- + 2H*
(M8) HIO, + I~ + H* = 2HOI

(M9) 2HI0, — 105~ + HOI + H*

(M10) HIO, + H,OI* — 105~ + I~ + 3H*
(M11)p9 HOCI + CI- + H* = Cl, + H,0

(M12)P° Cly + 15+ 2H;0 — 2HOI + 2CI- + 2H*
(M13)P Cl + HOI + H;0 — HIO;, + 2CI + 2H*
(M14) HCIO, == CIO,~ + H*

(M15) H,Ol* = HOI + H*

(M16) b+ 1~ =l5"

Variables: T|’,C -|—|2,C THO|,C HlOZ, CIOz, T(;|02’,C HOCI, Clz,b Cl- b

Khcio, = [CIO2 ][HTJ/[HCIO,] = 2.0 x 1072
Kot = [HOIJ[H *)/[H,0I11] = 0.034
Kig-= [I71/([1 21 °]) = 740

a All concentration units in M, times in $.Reactions M1+M13 are important only at pH 2.0 and high concentrations of HGIQ> 1073 M)
or at high [CI]o or in the HOCI+ I, reaction. Otherwise they can be neglected together wittad CI as variables. Fits shown in Figure 3
were produced without considering these reactions and varigiles. appropriate concentrations of I, HOI, H,OI*, and HCIQ can be expressed

using egs 16-12.

HOI/H,OI" 4+ HIO, reaction. The set of reactions M8110

Although ICl is more stable toward disproportionation than HOI,

and the reverse of M2 in Table 1 provide an accurate descriptionbecause of its low concentrations and small ratio to the total
of the kinetics. Reactions M9 and M10 are rate limiting, and iodine(+1) concentration, it will not modify the iodine(1)
reactions M8 and the reverse of M2 are fast; consequently, thedisproportionation rate significantly. This contention is sup-
kinetics are sensitive only to M9 and M10. The rate constants ported by the fact that Cldoes not have an effect on the
for those steps are given in egs 18 and 19. chlorite-iodide and chlorite-iodine reactions at the low concen-
trations comparable to those produced in the reaction. For these
reasons, we did not include ICl as an independent species.

From experiments performed with the HO€I 1, reaction,
we can give a good estimate for the rate constant of this direct
reaction. As can be seen (Figure 8, curvedp the initial
rate of the reaction is almost independent of the concentration
of HOCI. This observation indicates that the direct reaction

Our disproportionation rate constant is higher (about 5 times) must be slow compared with the reaction pathway regulated
and that for the K-1) + HIO; reaction is lower (about half) by iodine hydrolysis. Otherwise, with increasing HOCI con-
than Noszticziuset al. or Furrow's values, because they did centration one would observe a significant increase in the initial
not consider the protonation of HOI. The rate constant rate. Furthermore, the HOGH I, direct reaction should be a
determination for the reaction between HOI and Ki® not pH-independent process. In the real experimental system,
accurate, probably because of the high error of determining however, we observe a decrease in the initial rate with
initial concentrations, and the very narrow limit of feasible decreasing pH (Figure 8B), which also shows that the direct
experimental conditions. A rate constant below 20\t reaction cannot have a significant contribution. From our
for the HOI 4 HIO; reaction does not significantly affect the experiments, the upper limit of this rate constant is 212,
other experiments, and this step can be neglected. and with this or lower rate constants the HOEII, reaction

Rate Constants for HOCI + lodine-Containing Species. can be neglected.

In this group of reactions we analyze the reactions of HOCI  From a knowledge of the rate of the fast reaction between
with 17, 12, HOIl and HIG: The reaction of 1 with HOCI is HOCI and I and the HOCl-independent initial rate of the HOCI
fast, complex and involves many intermediatesThe chlorine 4 |, reaction, we obtain a reliable estimate for the upper limit
dioxide-iodide, chlorite-iodide and hypochlorous acid-iodine of the rate constant for the HOCF HOI reaction: ap-
reactions are not sensitive to the rate constant of this processproximately 20 M! s~ With higher rate constants the
unless itis below 1M ~*s™%. Therefore, we used one overall  gescription of the pH dependence and the stoichiometry of the
stoichiometric equation with a simple rate law of the form  experiments would not be correct. Lower rate constants,
including zero, describe the experiments correctly; consequently,
the reaction between HOCI and HOI can be neglected, like the
HOCI + I, direct reaction.

In the mechanism proposed by Nagy al*? one of the The reaction between HOCI and HiQs an important
intermediates is ICl. Since the concentration of this Species is Component of the temporal development of the HQ@baCnon
quite low in our experiments, and since ICl is a form of iodine-  after the initial fast phase. It generates the correct stoichiometric
(+1), its reaCtiVity would have to be much hlghel’ than that of amount of HOI and H|@to produce the expected amount Qf |
HOI/H,OI™ to observe any significant kinetic effect. However, during the disproportionation of the first two species. This
the rates of the HOI/BDI™ + I~ reactions are already diffusion  yeaction also has an important effect on the chlorite-iodine
limited, therefore, the ICH- 1~ reaction cannot be important.  reaction and regulates the level of HOCI available for other
reactions. The best fits for the experimental kinetics curves
can be obtained with the following rate equation.

2HIO,=10,” + HOI + H" = (25+ 8)[HIO,]* (18)

HIO, + H,OI" =10, + 17 + 3H"
v = (110+ 15)[HIO,][H,0I'] (19)

HOCI+ 1~ =HOI + CI” v =4.3x 10f[HOCI[I 7] (20)

(42) Nagy, J. C.; Kumar, K.; Margerum, D. Whorg. Chem1988 27,
2773.
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HOCI+ HIO, =10, + Cl 4+ 2H" 3. Two reactions determine the rate of part (b) in Figure 1.
One of them is the direct reaction between HgHDd I~ and
v=(1.540.2) x 10[HOCI[HIO,] (21) the other is the HCI@+ HOI reaction. At low pH, where the
[HCIOZ)/[CIO ;7] ratio is high, and the HOI level from the iodine
Rate Constants for Cb + lodine-Containing Species. Rate hydrolysis low, the contribution of the direct reaction between
constants for chlorine reacting with iodine-containing com- HCIO, and I reaction will be high. At high pH, however, since
pounds can be determined most sensitively from experimentsmost of the chlorite is in the form of CIO and this is not the
done with the HOCH- I, reaction at HOCI excess (Figure 8, reactive form, the direct reaction is slow. On the other hand,
curves e-i). In this case chlorine, which is formed from the  |ower H" concentration shifts the iodine hydrolysis to increase
HOCI + CI~ + H* reaction, could have a significant concentra- the level of HOI, and the contribution of the HGt HCIO,
tion and contribution to the overall rate. reaction will be significantly higher. These two rate constants
From our experiments, nothing can be established about thecan be determined very sensitively from the experiments done
rate of the direct reaction between chlorine and iodide. This is with the chlorine dioxide-iodide reactions. The stoichiometries
certainly a fast reaction; however, even with diffusion controlled gnd rate laws are
rate constants it does not contribute significantly to the kinetics
of the full system, because iodine and HOI, which are present HCIO, + 1~ + H" — HOI + HOCI
at about 6 orders of magnitude higher concentration than iodide, 3
react rapidly with chlorine. v= (7.8 0.1)[HCIO)][I ] (24)
Chlorine reacts rapidly with iodine and even faster with
hypoiodous acid. These reactions can explain the autocatalyticHC|Oz + HOI—HIO, + HOCI
features of the HOCH- |, reaction at high HOCI excess and v=(6.94 0.1) x 10[HCIO,J[HOI] (25)
low pH. As we have shown in Figure 7, the intermediates of
the HOCI + 1, reaction are consumed autocatalytically and The reaction between HClOand HIO, will determine the
rapidly at high acid concentrations and hypochlorous acid yinetics curves of the chlorite-iodine reaction after the first fast
excess. This process is fast because chlorine, the equilibriumyecrease in the iodine concentration (the part that is zeroth-
concentration of which is high at higher acidities, reacts rapidly orqer in chlorous acid concentration), before the complete
with the intermediate HOI. At lower acidities the chlorine level consumption of chlorite. This step produces a slower decrease
is low and its reactions are less important. The rate laws for j ihe iodine concentration (Figure 5). Since the prominence

these two reactions are of this reaction accounts for the most substantial difference
B N between our model of the chlorite-iodide reaction and previous
Cl, +1, + 2H,0 — 2HOI + 2CI" + 2H models, we tried to determine its kinetics by direct measure-

v=(1.5+0.2)x 10°[Cl][I,] (22)  Ments. Since we have HYO") available, which was used
in studying the kinetics of disproportionation of HiQve can
use the same experimental procedure for investigating the HCIO
Cl, + HOI + H,0 — HIO, + 2CI" + 2H" + HIO; reaction. The sulfuric acid solution of fOvas added
_ to alkaline CIQ~. After mixing, the change of the spectrum
v=(1.0£0.2)x 1OG[C|2][HO|] (23) of the reaction mixture with time was studied. However, the
) ) ] ) reaction reached completion during mixing; no changes in the
The reaction between chlorine and iodous acid does not gpectra were observed. In contrast to the Hi@proportion-
contribute significantly in our experimental systems, since HOCI gtion experiments, where iodine formed slowly, no iodine
reacts comparatively rapidly with HIO Choosing a rate  formed here, and no change in the absorption region of,HIO
constant smaller than 1041 s* does not affect the kinetics  \yas observed after mixing. Knowing the initial concentrations
of the reactions under consideration. However, higher raté ang mixing time allows us to estimate the lower limit of the
constants will destroy the correct stoichiometry. From our (ate constant for this reaction: 8 106 M—! s~L. The fitted
experiments the only certainty is that the rate constant shoulda|ye to the experiments done with the chlorite-iodine reaction,
be smaller than TOM~* s™* and that with such values this  {ggether with the stoichiometry is
reaction can be neglected.
Reactions 22 and 23 have minor roles at the initial conditions - +
; : D S I HCIO, + HIO,— HOCI+ 10, + H
used in the chlorine dioxide-iodide reactions; their contributions

are less than 1% even aftgg,0n the kinetics curves. However, v=(1.04 0.3) x 10°[HCIO,][HIO,] (26)

they have critical roles in the HCla, and HOCI-} reactions

at high initial concentrations or an excess of oxidants. The rate constant of the reaction between HIQ and |~.
Rate Constants for HCIO, + lodine-Containing Species. Interestingly, only the most complex subsystems of eq 8, the

The reactions of HCI® with iodine-containing species are chlorite-iodine and chlorine dioxide-iodine reactions, are sensi-
probably the most important in determining the dynamics of tive to the value of this rate constant. All the other reactions,
the CIQ, + I~ and HCIQ + |~ reactions. lodine does notreact even HIQ disproportionation, require only a rapid reaction with
directly with HCIQ,. This statement can be verified by a rate constant higher than 8101—2 s1 (H* dependent).
inspecting Figure 5, where the chlorite dependence of the However, the more complex systems can tolerate only a narrow
chlorite-iodine reaction is shown. The initial rate is completely range for this rate constant, because of the fast reaction between
independent of the concentration of chlorite. If there were any HCIO, and HIG. If the HIO, + |~ reaction were slow, most
significant direct reaction between HGl@nd b, the initial rate of the HIO, would react with HCIQ rather than with T to
would depend on the chlorite concentration. The upper limit produce iodate in part (b) of Figure 1. This reaction would
for this rate constant is about 0.01"#Ms™! from our experi- destroy the correct stoichiometry and kinetics of the whole
ments. reaction. If the rate of the HIO+ I~ + HT reaction is faster
The direct reaction between HCJ@nd I" is slow but hasa  than the HCIQ + HIO; reaction, then HOI will be produced.
determining role in the shape of the kinetics curves of Figure Thus, in this model HI@is a highly reactive species, reacting
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rapidly with iodide to produce iodine. This step keeps Hi®
the reaction cycle and does not allow it to be removed as iodate,

F 4
which is an inactive product. Consequently, any uncertainties 2 g \ A
in the rate constant of the HC}G- HIO; reaction increase the 104 b
uncertainty of the rate constant of the HI® |~ + H* reaction. =
The stoichiometry and rate law consistent with our experiments < [
are = ef ,,‘
10° E ’
HIO, + 1~ + H" — 2HOI B ;
v=(1.0+0.5) x 10°[HIO[I "JIH "] (27) 2 b )
08 i
which will ensure that HI@remains in the reaction cycle. The s 109 2 3 4586 102 2 3 45
pH dependence of this reaction comes from the pH dependence ko (5
of the whole reaction. We tested the possibility of a pH
independent process; however, the stoichiometry of the pH 140
dependent kinetics curves in the chlorine dioxide-iodide reaction 120}
could not be reproduced. »
Z 100 /
Discussion 2 /
. . . . . = g0 k
In Table 1 we list the important reactions in the chlorine 3 /
dioxide/chlorite + iodide reaction system with their rate »g 60 - '
constants. These reactions were necessary and sufficient to 3 /
. . L T . . 240
describe the chlorine dioxide-iodide reaction in all of our g | /
experiments and, furthermore, to account for the kinetics of HOI &, | — B
and HIG disproportionation (reactions M2 and M8110), the /
HOCI + I, reaction (reactions M2 and MaV14), and the 01 : 2 : é : "1 5 : ('5 7 : E“ .
HCIO; + I, reaction at excess iodine (reactions M2 and-M4 g x 102 (s7)

M14) when [HCIQ]o/[l2]o < 2.5 and [HCIQ]o < 2 x 103 M
in the pH range +3.5. We did not include several other Figure 11. Modeling the open system behavior of the chlorine dioxide-
reactions which certainly take place in the system but whose iodide reaction using reactions MM10 and M14-M16 of Table 1.

rates are too slow to make observable contributions to the overaII(A) E_’ifurcaltion _ddiagra”:, (Ca)'cul'ated 1‘_JhSi”9 IC_(;DIF_Wi“ th‘le [I_]Ot\r/]S ko f
inetics. Th ree. h + |- and the IG- + |- reciprocal residence time) plane. The solid line encloses the area o
lr(érz;?:ttli((:)is ese aree.g, the Ch and the 1Q bistability; the dashed line indicates Hopf bifurcations and encloses

. . . S . the range of oscillations. [CKy =1 x 10*M and [H'] = 1 x 1072
With the exqeptlon of_the chiorine dioxide-iodide reaction, M. Thegexperimental bifu[rcﬁon diagram is pubIEshEad in ref 48. (B)
all of the reactions considered are two-electron processes; thépependence of the period of oscillations op Filled circles are
model does not include radical processes. Although theCIO experimental points, and the solid line is calculatedjoi= 3 x 10*
+ 1~ reaction is rapid and first-order in both Gl@nd I, it is M, [CIOz)o =1 x 10* M and [H'] =1 x 102 M.
not elementary. The rate limiting step is the direct reaction
between ClQand I, followed by a faster process; the process is very fast. Because the HOI level is controlled by iodine
may occur through an inner-sphere mechar#idfd. If fast hydrolysis, decreasing iodide concentration shifts reaction 13
radical processes occur, there is no evidence that the radicako the right, to higher levels of HOI, which makes the reaction
intermediates interact with any other species rapidly enough to faster as the iodide concentration decreases.
have an effect on the overall kinetics. This reaction is well  Since there is no, or only a very slow, direct reaction between
separated from the others, as illustrated by the observation thatHCIO, and b, the same model holds true for the chlorite-iodine
the kinetics of the chlorite-iodide reaction are the same as thosereaction. When iodide is present, HiGannot be oxidized to
of the chlorine dioxide-iodide reaction if we start from the same iodate by HCIQ or H,OI, but reaction with iodide will produce
initial concentration that exists after completion of the fast HOI, and that will be converted to iodine. When iodide is
chlorine dioxide-iodide reaction. consumed, nothing prevents Hibom being oxidized to iodate,
The two-electron reactions in this model which produce the and iodine starts to decrease very rapidly, converting to HOI/
kinetic feedback stand in contrast to the mechanisms of manyH,OI*, HIO,, and IG&~.
other, non pH-regulated chemical oscillators. For example, in  Most of the reactions in the model have mass action kinetics,
the case of the BZ reaction, the autocatalytic feedback processwhich might mean that they are elementary reactions. However,
originates from the one-electron reaction of Br@dical with it is clear that most of these reactions are not elementary; they
the catalyst* The Briggs-Rauscher reactitt?46 and the go through several intermediates. Some examples of rapid but
permanganate oscillatdfshave similar one-electron based not elementary reactions are the hypochlorous acid-iodide
feedback processes. The unique accelerating feature in part (byeaction?® the reaction between HiOand I and chlorine
of Figure 1 comes mainly from iodide inhibition. This hydrolysis? In our reaction system, however, the details of
conclusion is based on the observations that the direct reactionthese reactions are not important because of the different time
between HCIQand I is slow, but the HCI@+ HOI reaction scales. The reaction between HGJ@, and H' is certainly

(43) Fukutomi, H.. Gordon, GJ. Am. Chem. Sod 967, 89, 1362 not elementary, because its kinetics arelhdependent. It

(44) Noyes, R. M.; Field, R. J.; Thompson, R. £.Am. Chem. Soc. IS easy to construct a model consisting only of elementary
1971, 93, 7316. reactions, which would include the protonation of 16r CIO;

(45) Briggs, T. S.; Rauscher, W. @. Chem. Educ1973 50, 496. ; i i inati :

(46) De Kepper, P.; Epstein, I. B. Am. Chem. Sod.982 104, 49. however, t.h'sl level of detail goles notr:mpr_ovel_;_he klnenc_sé f'(tj

(47) Orba, M.; Lengyel, 1.; Epstein, I. RJ. Am. Chem. S0d991 113 and is not included in our model. Such a simplification guide

1978. our modeling efforts, for example, when we replaced the detailed
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mechanism of iodine hydrolysis with a simplified version that HOCI + |~ reaction, the main disparity lies in the difference
preserves all the important equilibrium and kinetics features of between rate constants for the reactions of HI@h the C&E
the detailed mechanism and used rapidly established equilibriummodel, there is no reaction between HGl&hd HIQ, the rate
constants for the formation og1, H,OI"™ and HCIQ. The constant of HIQ + I~ + HT reaction is only 106M—2s71, and
number of concentration variables in the model decreasedthe rate of disproportionation is two orders of magnitude faster
significantly, which benefits applications to more complex (3 x 10 M-! s71) than the experimental value. These
systems. differences mean that in part (b) of Figure 1, the Hlével is

In the Introduction we mentioned some of the discrepancies four orders of magnitude higher, the maximum concentration
between the C&E model and experiment. These are mainly of HIO; at tmax is three times higher and Hids consumed
(1) that it produces homogeneous oscillations where significant faster aftetnax than in our model. The existence of a reaction
stirring effects occur and (2) that it does not produce oscillations between HCI@ and HIG, was shown experimentally. Since
in the chlorine dioxide-iodide reaction at 0 M initial this is a fast reaction, the HIO+ 1~ + H* reaction must be
concentration of CI@*® This latter discrepancy is surprising, significantly faster than this; otherwise the stoichiometry of part
since a very simple modé$ based on component processess, (b)would not be correct in the model. The central role of HIO
is capable of quantitative description of the open system in the C&E model is shown by the extreme sensitivity of
behavior, and the EpsteitKustin model, which lacks the oscillations in that model to the rate constant for the dispro-
disproportionation reactions of HOI and HlOalso gives portionation of HIQ, which in the model is two orders of
oscillations in the chlorine dioxide-iodide reaction. Our model magnitude higher than the experimental value.
(Table 1) does not produce homogeneous oscillations where The model we have presented (Table 1) uses only experi-
stirring and mixing effects occur in the chlorite-iodide reaction. mentally determined rate and equilibrium constants. Further
However, it produces homogeneous oscillations at the conditionsmodeling of the interaction between chlorine- and iodine-
observed in the chlorine dioxide-iodide reaction. In Figure 11 containing species should be carried out, however, to investigate
we show a two-parameter bifurcation diagram and the oscillation a wider range of conditions, including the effects of imperfect
period vs flow rate curves. Both are in good agreement with mixing.
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