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The oxidation of CIQ by OClis first order with respect to both reactants in the neutral to alkaline pH range:
-d[ClOy)/dt = 2koc[CIOZ][OCI]. The rate constanfl(= 298 K,u = 1.0 M NaClQ) and activation parameters
arekoc) = 0.914 0.02 M1 s71, AH* = 66.54+ 0.9 kd/mol, andAS" = —22.3 + 2.9 J/(mol K). In alkaline
solution, pH> 9, the primary products of the reaction are the chlorite and chlorate ions and consumption of the
hypochlorite ion is not observed. The hypochlorite ion is consumed in increasing amounts, and the production of
the chlorite ion ceases when the pH is decreased. The stoichiometry is kinetically controlled, and the reactants/
products ratios are determined by the relative rates of the production and consumption of the chlorite ion in the

ClO,/OCI~ and HOCI/CIQ™ reactions, respectively.

Introduction

The reactions between oxychlorine species are very sensitive
to the conditions applied and exhibit a very rich and complex
redox chemistry. As a consequence, chlorine may be stabilize
in different oxidation states, depending on the absolute and
relative reactant concentrations, pH, temperature, etc. Chlorine
dioxide quantitatively decomposes into the chlorite and chlorate
ions in alkaline solution, but it is reasonably stable in acidic

aqueous solutionsThe stability of the hypochlorite idris also

pH-dependent. The overall third-order rate of decomposition

goes through a maximum at pH 7.10 (25) and produces ClI
and CIQ~ in a 2:1 ratio3

Under acidic conditions, Clwas reported as a final product

in the HOCI-CIO,™ reaction?~° acid and metal ion catalyzed
decomposition of chlorite ion and related systéfhd? This
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implies that redox side reactions do not occur between chlorine
dioxide and other oxychlorine species. Deviations from this
general pattern were reported only in a few cases. The reaction

dbetween the hypochlorite ion and chlorine dioxide was studied

earlier?0 and it was proposed recently that a direct redox reaction
may occur between chlorine dioxide and the chlorite ion
coordinated to mercury(ll) in the Hg(H)CIO,~—CIO, systemt8

The formation and subsequent decay of small amounts of
ClO, were found in the reaction of HOCI with C}O at pH
8.82, but a detailed interpretation of these observations was not
given?2! It was concluded that the slow loss of chlorine dioxide
could be caused either by impurities or by a reaction with HOCI.
According to our preliminary studies, the transient concentration
of chlorine dioxide can be increased and systematically varied
by selecting appropriate experimental conditions. When OClI
is in excess over Clg, the decay of CIQ is orders of
magnitude faster than the base-catalyzed disproportionation of
ClO..1 In agreement with previous reports, this is a further piece
of evidence that HOCI either is involved in a direct redox
reaction with chlorine dioxide or somehow catalyzes its
decomposition.

Flis and co-workers reported the following rate law for the
HOCI-CIO; reaction?°

d[ClO,)]
St

= K[CIO,][HOCI] + k,[CIO,] (1)

This study was limited to relatively narrow concentration and
pH ranges, and the constraints of the applicability of the rate
law were not given. It was proposed that the second term in eq
1 corresponds to the decomposition of chlorine dioxide into Cl
and Q. While this reaction is one of the possible fragmentation
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channels in condensed-phase photolysis of chlorine digkide, Table 1. Stoichiometric Data for the Chlorine
it does not seem to be feasible in the thermally induced Dioxide—Hypochlorite lon Reactioh

decomposition. In support of this statement, it should be 10% x A[CIO™)/ [ClO )/ [ClOs)/
remembered that slightly acidic solutions of chlorine dioxide pH [CIO2z)o (M) [CIOZ)o [CIOZ]o [CIOJ]o
can be stored in the dark without apparent concentration loss .34 9.20 0.44 0.04 0.93
for several months. 6.36 9.20 0.44 0.05 0.92
In the present paper we report a pH- and temperature- 6.51 3.10 0.03 0.95
dependent kinetic study on the hypochlorite ‘amlorine ?-3‘5‘ S-ég 0.46 —00(')(10 009%8
dioxide reaction. Our goal is to explore the exact kinetic role 796 903 045 001 0.96
of the hypochlorite ion in the decay of CjOThe results are 7.35 3.10 ' 0.00 0.99
also expected to contribute to a better understanding of the 7.43 9.20 0.49 0.01 0.98
mechanism of the HOCGICIO,™ reaction and other reactive 7.45 9.20 0.50 0.01 0.98
systems in which HOCI and ClCare present simultaneously. ;-gg g-gg 8-22 8-8; 8-3%
Experimental Section g-g? g-;g 8-32 8-38 8-?8
Chemicals. Sodium hypochlorite stock solutions were prepared as 8.32 3.10 0.30 0.66
described earliet8 Chlorine dioxide was generated by mixing aqueous 8.69 5.78 0.01 0.47 0.52
solutions of potassium persulfate and sodium chidfitEhe product 8.98 9.20 —0.03 0.48 0.50
ClO; was passed into cold, dilute HCJGolution (~10~* M) with a 8.99 9.20 —0.03 0.48 0.49
steady stream of nitrogen gas. Stock solutions of NaOCl and @w#te gg‘;’ g;g _ 006%2 00'5%0 004590
stored at 5C in the dark and were standardized by iodometric titration 995 920 O 00 0.49 0.49
before usé! To minimize loss to vaporization, Cktock solutions 10'23 3' 10 ’ 0 '49 0‘49
were kept in and dispensed from a shrinking bottf&. All other 10.49 3.10 0.50 0.49

reagents were of reagent grade quality and used without further
purification. Samples were prepared using doubly deionized and *[HOCI] = 2.00 x 10~° M. The concentrations of the individual
ultrafiltered or deionized and triply distilled water obtained from COomponents were determined with an error less thafo.
MILLI-Q RG (Millipore) or Barnstead/NANOpur water purification
systems, respectively. With the exception of the temperature-dependen@cidified to pH 2.0 with 0.5 M HSO,. After addition of excess Kl to
studies, the kinetic measurements were made at 261 °C and 1.0 the sample, the iodine formed was titrated with standardized sodium
M ionic strength set with NaClQprepared from perchloric acid and  thiosulfate solution. Under such conditions, gt@oes not react with
NaCOs. The pH was adjusted with phosphate or carbonate buffers. |~ while HOCland CIQ™ generate 2 and 4 equiv of iodine, respectively.
Instrumentation and Methods. lodometric titrations and pH The concentration of the unreacted hypochlorite ion was calculated by
measurements were made with a Metrohm 721 NET Titrino system combining the chromatographic and iodometric data. The concentration
equipped with Metrohm 6.0420.100 combined platinum and with of CI~ was calculated from the mass balance for the chlorine species.
Metrohm 6.0202.000 combined glass electrodes, respectively. The pH  lon chromatograms were recorded on a Dionex 100DX ion chro-
was measured withig=0.003 unit, and it is defined aslog[H] in matograph equipped with AS9-HC analytical and AG9-HC guard
this paper. columns and using a conductivity detector. The eluent was 0.73g/dm
In the stoichiometric experiments, a Gl€tock solution was added =~ N&COs. To avoid overloading of the analytical column, the ionic
to a solution of HOCI and buffer in an all-glass, stoppered vessel. The Strength was lowered to 0.1 M in these experiments.
hypochlorite ion was used at least in 2 times excess in these Stock solutions of the reagents were analyzed by using the same
experiments. The reactor was tightly sealed immediately after introduc- Procedures. In these experiments, £\as purged from the samples
ing ClO,. The experiments were designed such that the headspace abova&vith nitrogen gas prior to analysis. The concentrations of the chlorite

the reaction mixture was always less thar2® of the total volume. and chlorate ions were less than 0.5% of the total chlorine in the CIO
The reactants were thoroughly mixed with a Teflon stirring bar. The and OCI solutions. _
spent reaction mixtures were analyzed typicalh after the reaction Time-resolved spectra were recorded on a HP-8543 diode array

was triggered. Within this time frame Cj@vas completely consumed ~ SPectrophotometer equipped with an Applied Photophysics RX-2000
even in the slowest kinetic runs and subsequent reactions of the exces§apid Kinetics accessory. In agreement with a recent réptre light
HOCI were negligible. intensity of the spectrophotometer was found to be strong enough to
An aliquot of the reaction mixture was diluted and treated with excess initiate photochemical decomposition of GiGuch a reaction was not
ethylenediamine in order to remove OGH*#The sample was analyzed ~ Observed when the high-energy UV region of the light bear800

for CIO,~ and CIQ~ by ion chromatography. Another aliquot was NM) was blocked out by inserting a polystyrene cutoff filter between
the light source and the sample. Kinetic traces at different wavelengths

(22) Mialocg, J. C.; Barat, F.; Gilles, L.; Hickel, B.; Lesigne, B.Phys. were consistent with a simple first-order process when @@ls applied
Chem.1973 77, 742. in large excess over chlorine dioxide. The pseudo-first-order rate
(23) Dunn, R. C.; Anderson, J. J. Am. Chem. S0d.993 115 5307. constants, which were reproducible within 2%, were determined from
(24) Chang, Y. J.; Simon, J. 0. Phys. Chem1996 100, 6406. kinetic traces at 360 nm. The temperature dependence of the rate
(25) féﬂ?,%"’ C. J.; Conyers, J.; Denison, I.Phys. Chem1996 10Q constants was studied from 15 to 70. Data fitting was made with
(26) Thzrgénsen, J.; Jepsen, P. U.; Thomsen, C. L.; Poulsen, J. A,; Byberg,t_he psreogram package SCIENTIST using nonlinear least-squares rou-
J. R.; Keiding, S. RJ. Phys. Chem1997, 101, 3317. tines:
(27) Esposito, A. P.; Foster, C. E.; Beckman, R. A,; Reid, B. Rhys. . .
Chem.1997 101, 5309. Results and Discussion
(28) Foster, C. E.; Reid, P. J. Phys. Chem. A998 102, 3514. L . -
(29) Thergensen, J.; Thomsen, C. L.; Poulsen, J. A.; Keiding, $.Fays. St0|ch|o.metry. Ag shown in Table 1, a definite t'rend was
Chem. A1998 102, 4186. observed in the stoichiometry of the GIOCI~ reaction as a
(gg) sgsgrbftti D-u";-r?]tﬁ';{)i&l r';‘(‘)-rJ-a ngg-A %2?“;3512?3 23’ ?Zgg- .. function of pH. At low pH, the data confirmed earlier results
31 Longdo'n igéS 9 Y # LONIMAT and the main products were Cand CIQ :
(32) Silverman, R. A.; Gordon, GAnal. Chem1974 46, 178.
(33) Bolyard, M.; Fair, P. S.; Hautman, D. Prwiron. Sci. Technol1992 (35) Stanbury, D. M.; Figlar, J. NCoord. Chem. Re 1999 187, 223.
26, 1663. (36) SCIENTIST version 2.0; Micromath Software: Salt Lake City, UT,

(34) Adam, L. C.; Gordon, GAnal. Chem1995 67, 535. 1995.



Decomposition and Oxidation of C}O
HOCI+ 2CIO, + H,O=2CIO; +CI + 3H" (2)

When the pH was increased, GlOwas formed in increasing
amounts at the expense of Clormation. At the same time,
the consumption of OCland the [ClIQ™]produced[ClO2] consumed
concentration ratio decreased. Above pH 9.0, the stoichiometry
corresponded to the disproportionation of chlorine dioxide and
could be approximated by the following equation:
2CIO, + 20H =CIO, +ClO; +H,0 3)
The stoichiometry could be given by the linear combination of
egs 2 and 3 at any intermediate pH.

While reaction 3 properly describes the stoichiometry of the
ClO,/OCI™ reaction in the alkaline pH range, it represents only
an intermediate stage whenever OGInd CIQ~ are present
simultaneously in the reaction mixture. The kinetics and
stoichiometry of the reaction between these two species have
been extensively studig¢d? In alkaline solution it is a slow
process that produces GiOand CI as final products. It follows
that the unreacted OClwould eventually remove the chlorite
ion produced in reaction 3 and the same stoichiometry would
prevail in the entire pH region.

Kinetics. The first-order decay of chlorine dioxide at large
excess of HOCI over ClPand the linear dependence of the
pseudo-first-order rate constant on the total concentration of the
hypochlorite ion confirm that the reaction is first order in both
reactants:

d[ClO,]
dt

= K[CIO,][OCI ], (4)

Thorough analysis of the kinetic traces gave no evidence of a
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Figure 1. Experimental @) and fitted on the basis of eq 5 (solid line)
pseudo-first-order rate constanks,s as a function of pH. [OCI =
3.13x 103M, T =298 K,u = 1.0 M NaClQ.

reported on the basis of an independent study béféhe HOCI
path has a marginal contribution to the reaction, and the fitted
value forkoc practically did not change when the second term
was neglected in eq 5.

Temperature-dependent data at pH 8.0 were evaluated by
considering only thé&ociterm in eq 5 and using earlier reported
thermodynamic data for the temperature dependenkg. dthe
activation parameters were calculated by fittkag, on the basis

Koo = kFT ASTR - AHIRT) ©6)
The results ardAH* = 66.54 0.9 kJ/mol andAS" = —22.3+
2.9 J/(mol K).

Mechanism. The unique feature of the CHDCI~ reaction
is that the distinct pH dependence of the stoichiometry is not
associated with any change in the rate law as a function of pH.
The pseudo-first-order rate constant is strictly proportional to

second term in the rate law as suggested by eq 1. This strongly[OCI~] in the entire pH region, and the corresponding pH profile

suggests that the first-order loss of chlorine dioxide reported
by Flis and co-workef8 was probably caused by some sort of
artifact in their experiments. At the high chlorine dioxide
concentrations used in that work, slow volatilization of €lO
from the reaction vessel could possibly corrupt the data. It was
also confirmed in control experiments that the @IQCI~
reaction was much faster than the decomposition of chlorine
dioxide with base over the entire pH region studied. Under
alkaline conditions (pH> 9.0), the hypochlorite ion was not

exhibits an inflection point at the ldg, of HOCI (pH = 7.40).

At the same time, the changeover between the limiting stoichi-
ometries (egs 2 and 3) occurs in a narrow pH range at around
pH 8.1. These features imply that the same initial step is
operative regardless of the actual pH and that the stoichiometry
is controlled by the rates of subsequent competing reaction steps.
In accordance with these considerations, we propose the
following mechanism for the interpretation of the results:

consumed (see eq 3) and the reaction could be formally treated OCI” + H" = HOCI fast equilibrium (R7)
as an OCft-catalyzed decomposition of chlorine dioxide.
The pH dependence df,s is shown in Figure 1. The ClO,+ OCI" =Cl,0;”  rate determining (R8)
characteristic sigmoid shape can readily be associated with the
acid—base equilibrium between HOCI and OCRApparently, Cl,0;” + ClO, = Cl,0, + CIO,~ (R9)
chlorine dioxide is oxidized much more quickly by the hy-
pochlo_rite ion than t_)y the hypochlorous_ _ac_id. Consider_ing_that ClL,O; + OH™ = HOCI + CIO,~ (R10a)
the acid-base reaction is a fast preequilibrium and taking into
account the stoichiometry of the reactittyscan be expressed
as follows:
CLO, + H,0=HOCI+ CIO,” + H"  (R10b)
_ kOCI kHOCIKp[H+] _ 2me 2 °
kObS_ 2 + + + [OCI ]tOt (5) - + _ H H .
1+ Kp[H ] 1+ Kp[H ] ClO, +H"=HCIO, fast equilibrium (R11)

whereKp, Koci, andkyoci are the protonation constant of the
hypochlorite ion and the rate constants for the reactions of OCI
and HOCI, respectively.

Fitting of kops ON the basis of eq 5 gave the following
results: logkp = 7.404 0.02,koc) = 0.914 0.02 M1 571,
andkpoc) = (1.5 £ 0.3) x 102 M1 s71 The value for the
protonation constant of OClis the same as the value that was

HOCI + HCIO, = CL,0, + H,0 (R12)

Cl,O,+H,0=ClO;” +ClI" +2H"  (R13)
The formation of the GDs;™ intermediate in the rate-

determining step is consistent with the simple second-order rate

law, and steps R7R10 are sufficient to explain the stoichi-
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ometry in alkaline solution. The reaction of Cl@ith HOCI, The consumption of the chlorite ion is interpreted in terms
if it occurs at all, is also expected to generatedzl via the of the HOCI/CIQ™ reaction (steps RE1R13). There seems to
formation of HC}Os. In this case, an immediate proton loss be a consensus in the literature that this reaction proceeds via
should follow the rate-determining step. the CLO, intermediate and produces only GIOin excess

A simple one-electron-transfer step between the reactantsHOCI#~921 The mechanism postulated here assumes that the
would be an alternative of step R8, but this possibility can be stoichiometry of the CIQIOCI~ reaction is determined by the
rejected on the basis of the following arguments. The primary interplay of the two reaction paths leading to the formation and
products of the electron transfer would be gfCand CIO. consumption of the chlorite ion. The former path is relatively
According to earlier studies, CIO is a strong oxidant that would fast in alkaline solution. This, coupled with the slow decay of
immediately react with Cl@ (and excess CIg) to form the the chlorite ion, makes possible the accumulation of £1O
chlorate and chloride iori§:3” However, in this case the chlorite The rate of the initial step, R2, swiftly decreases as Q€
ion would not be stable even at high pH and the mechanism converted to HOCI by decreasing the pH (step R1). In contrast,
would contradict experimental observations. Furthermore, therethe rate of the HOCI/CI@ reaction is proportional to [E2 in
is no reason to assume that the oxidation of aOCIO;™ and the alkaline pH range and increases by about 6 orders of
the reduction of OCl to CI” in less alkaline solution would  magnitude when the pH is decreased from 10.0 t¢6Thus,
occur via respective lower and higher oxidation state intermedi- the chlorite ion becomes a reactive intermediate at low pH and
ate chlorine species. It should be added that very recently it it is completely consumed by the end of the GIOCI- reaction.
was incorrectly proposed that CIO is capable of reducingClIO The opposite pH dependencies of the two kinetically coupled

to the chlorite ior?® Were this reaction step operative, itwould reaction paths also explain the sharp changeover in the stoi-
predict a very different stoichiometry than was observed chiometry as a function of pH.

experimentally. , L In conlusion, the results presented here confirm that the
A relatively small negative entropy of activation was found immediate products of the chiorine dioxidbypochlorite ion

for the initial step. It is unlikely that solvation effects have | ooction are Cle and CIG~. When OCI is used in excess
significant contribution to the activation parameters, ! the chlorite ion is involved in subsequent reactions and the

is consistent with a weak association between the reactants injeime and transient concentration of this species are kinetically
the precursor complex. This interaction probably occurs petween controlled by the competing reaction paths. Perhaps the most
the negatively charged oxygen atom of O@nd the partially o rtant implication of the results is that chiorine dioxide and
positive chlorine atom of Cle)implying CI-O—Cl connectivity  he hynochlorite ion cannot coexist in aqueous solution for an
for the CpOs™ intermediate. o _extended period of time in the neutral to alkaline pH range,
According to the mechanism, the chlorite ion is produced in - 5 the reaction between these species may explain the enhanced

the reaction of GO;~ with a second molecule of ClQstep  yecomposition rate of chlorine dioxide in related systems. The
R9). This step is followed by the regeneration of O@hd the  oqit5 also imply that under neutral conditions the chlorine

formation of CIQ™. Step R10 is very fast, and with respect to  jinxijde—hypochlorite ion reaction is competitive with the
the rate law and overall stoichiometry, it is irrelevant whether formation of chlorine dioxide in the hypochlorous aeichlorite
it occurs with a solvent molecule or with the hydroxide ion. i, veaction. Thus, the corresponding mechanism must include

The two transient species L~ and ChO; are presumably  he cio/OCI- path for proper interpretation of the noted decay
formed in extremely low steady-state concentrations, and direct ¢ CIO; in that system.

experimental evidence is not available to confirm their existence.
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