Inorg. Chem.1999,38, 1299-1304 1299
Hypochlorite lon Decomposition: Effects of Temperature, lonic Strength, and Chloride lon
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The effects of pH, hypochlorite and chloride ion concentration, temperature, and ionic strength on the kinetics
and mechanism of decomposition of concentrated hypochlorite ion and the formation of chlorate ion and oxygen
in the pH 9-14 region has been investigated. In the absence of catalytic levels of transition-metal ions, the rate
of chlorate ion formation is 8.7 times faster than the rate of oxygen formation for the concentration range of
0.7—3.0 M hypochlorite ion with various levels of chloride ion in 0.601LO0 M OH™ at 15-55 °C. Under these

same conditions, the equation that describes the effect of temperature and ionic strength on the decomposition of
OCI- is the following: logk, = 0.149 + log[2.083 x 10T exp(—1.018 x 10°/RT) exp(—56.5R)] wherek, has

units of M~ sec! andu is between 1 and 6 molar. Numerical simulation of the decomposition of @@k

carried out while taking into account the effect of each of the above experimental variables. Evidence is presented
suggesting chloride ion catalyzed decomposition of hypochlorite ion in thept) 9egion that is in addition to

the contribution of chloride ion to the ionic strength.

Introduction 30CI — CIO, + 2CI” (1)
Hypochlorite ion, a commonly used oxidizing agent for the

disinfection of drinking watet,is knowr?2 to decompose to —d[OCI)/3dt = k,, JOCI]? @)

form chlorate ion and oxygen. Chlorate ion, often present in

drinking watef—8 that has been treated with OClmay pose The decomposition of OClinvolves chlorite ion (CIQ™) as

potential healthhazards. Chlorate ion is listed as a compound an intermediat€ in the following generally accepted mecha-
for which regulatio®12 by the USEPA may be set by the year nism:
2000. Thus, it is important to have a detailed understanding of

the kinetics and mechanism of OCllecomposition in order to OCI" + OClI' —CIO, +CI" kg (slow) 3)
minimize the formation of Cl@.

Hypochlorite ion decomposition in basic solution is a slow OCI” + ClO,” = CIO,” + CI™  k; (fast) (4)
second-order proce&sis the 40-60 °C region with the following
stoichiometry and rate law: Because reaction 4 is the faststep, the concentration of C}O

(1) White, G. C.Handbook of Chlorination2nd ed.; Van Nostrand 's refatively low.
Iite, . . HanabnookK O orination Znd ed.; Van Nostran H H H
Reinhold Company Inc.: New York, 1986. Prior to 1950, commercial OClwas known to contain

(2) Lister, M. W.Can. J. Chem1952 30, 879. transition-metal ions, including platinum, iridium, and rhodium,
(3) Lister, M. W.Can. J. Chem1956 34, 479. that were demonstratédto be effective catalysts for the

(4) Gordon G. The Formation of Chlorate lon in Drinking Water Treated iti i i
with Free Available Chlorine. Presented to the D/DBP TAW in session decomposition of OCIL Although improvements in OCI

at the Water Quality Technology Conference, (Orlando, FL, November Manufacture eliminated most platinum group metal ions, the

1991. decomposition may be catalyZeéby other transition-metal ions
(5) Bolyard, M.; Fair, P. S.; Hautman, D. Brwiron. Sci. Technol1992 such as Ni(ll), Cu(ll), Mn(ll), and Fe(lll).

26, 1663. - . .
(6) Gordon, G.: Adam. L. C.. Bubnis, B. P.; Hoyt, B.; Gillette, S. J.. The formation of oxygelt from decomposing OClsolutions

Wilczac, A.J. Am. Water Works Assot993 86(9), 89. is a very slow side reaction in solutions of pure O@hd is a
(7) Bolyard, M.; Fair, P. S.; Hautman, D. . Am. Water Works Assgc. minor decomposition pathway:

1993 85(9), 81.
(8) Gordon, G.; Adam, L. C.; Bubnis, B. Minimizing Chlorate lon

Formation in Drinking Water When Hypochlorite lon is the Chlorinat- OClI' +OClI' — 0O, +2Cl ko (very slow)  (5)
ing Agent AWWA Research Foundation, Denver, CO, Contract 833-
92, 1994. The reaction to form @is catalyzed by the above transition-

(9) Drinking Water and Health Boraks, J., Ed.; National Research . . .. .
Council, National Academy Press: Washington, DC, 1987; pp 99 Metal ion impurities. The rate constants of reactions are

111. affected not only by temperature but also by the ionic strength,
(10) Regli, S. EPA Presentation to AWWA Technical Advisory Workgroup, jonic media present, and the presefiééand intensity of UV

November, 1990. Discussion of Strawman Rule for Disinfection light

Byproducts. Presented to EPA Science Advisory Board Drinking Water ight.

Committee, September, 1989.
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The decomposition of hypochlorous acid (HOCI) in the pH
5—9 regiori317.18proceeds according to the following reaction
stoichiometry:

2HOCI+ OCI' — CIO; + 2H" + 2CI (6)
which can also be expressed as 3CIO 2CI~ + CIO3;~ when
[OCIT] > [H™] or as 3HOCI— 2CI~ + CIOs~ + 3H* when
[OCIT] = [HT].

The simplified rate law is

—d([HOCI] + [OCI ])/3dt = k,, JHOCIZOCI] (7)

The measured third-order rate constaiko,g is 0.0125 M2
s ! at 25°C. The activation parametéfsare AH* = 64.0 +
0.6 kJ/mol andASF = —67 + 2 J/mol K in 1.0 M NaClQ. As
implied by eq 7 and demonstrated experimentally, the rate of
decomposition reaches a maximum when the ratio of HOCI to
OCI™ is equal to 2.0. Using an HOCKp of 7.54 (25°C, u =
0), the rate of decomposition has a maximum at pH 7.24 and
decreases significantly at higher and lower pH values. As
decomposition occurs in the pH 7.240 region, the OCI to
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Figure 1. Second- and third-order plots of decomposing O®@ith
[OCIT]o=2.13 M, [OH] = 0.165 M, [CI'] = 0.158 M, andk = 2.52
M at 25°C.

calculated by difference. In some cases, O®hs titrated?® directly
using standard N&QO; for method comparison.

The analysis of Fe, Ni, and Cu in OCbolutions was carried out
using a Perkin-Elmer 1100B atomic absorption spectrophotometer.
Potential matrix ion interferences were avoided by the dropwise addition

HOCI ratio decreases, which decreases the pH of the solution ¢ 1504 sy HO, to an aliquot of OCI until the evolution of @ was

and increases the rate of decomposition.

The primary objective of this work was to determine how
the OH, OCI~, and CI concentrations, temperature, and ionic
strength affect the kinetics and mechanism of decomposition
of concentrated OCland the formation of Clg and Q in
the pH 9-14 region. Each of these experimental variables was
studied in a series of decomposition experiments in which the
change in concentration of OGICIO;~, CIO,~, OH™, and
COs%* was measured as a function of time.

Experimental Section

Reagents.All solutions were prepared using high quality chlorine
demand free deionized triply distilled water from a Barnstead/
NANOpure water purification system. Chlorite ion standards were
prepared from triply recrystallizé¥?°sodium chlorite with a purity of
99.64%. All other reagents were prepared from ACS reagent grade

no longer evident. The solution was acidified to pH 1hw& M HCI

and boiled to remove ¥, and Q. The solution contained the
transition-metal ions in 0:51.5 M NaCl. The sample metal ions were
complexed extracted into 20 mL of MIBK, and analyzed. Standards
in the 0.05-2 mg/L range of each transition-metal ion of interest were
preparedn 1 M NaCl and extracted in the same manner as the samples.

The laboratory-prepared OClsolutions were analyzed for Hg
because HgO was used in the synthesis of OChe OCI sample
was acidified, and Bwas bubbled through the sample to displace Cl
The sample was analyzed by the dithizone me#iod.

Decomposition Experiments The experiments were carried out with
an initial OCI* concentration between 0.7&8 M OCI. All results
refer to laboratory-prepared OClinless specifically stated otherwise.
Hypochlorite ion solutions were placed in 8.5 mL borosilicate vials
with Teflon-lined caps and placed in water bati0(05 °C) in the
dark.

chemicals. Concentrated sodium hypochlorite was prepared by meansgagjits and Discussion

of the Cady!* method. Commercially prepared OCtontaining low
levels of transition-metal ions and nearly equivalent O@hd CI
concentrations was also used in some experiments.

Methodology. Sodium hypochlorite solutions were analyzed for
OCI, CIO,~, ClIOs™, OH~, CO27, and Ct. The concentrations of OC|
OH-, and CQ? were determined by potentiometric titration using a
VIT 90 Video Titrator equipped with a P101 platinum K401 SCE
electrode pair and GK2401B combination pH electrode (Radiometer,
Copenhagen, Denmark). The concentrations of NaOH an@@®gain
the sodium hypochlorite were measured by potentiometric inflection
point titration after removal of OClusing 0.6% HO,. The measure-
ment of CI" was carried out using a Ckelective electrode connected
to a PHM 64 pH meter from Radiometer. Samples of OGlere
prepared for measurement by the addition of ethylenedigmifes)
to remove OCI. Sodium hypochlorite solutions were analyzed directly
for ClO,~ and CIQ~ by ion chromatography (IC) using a Dionex DX-
100, Dionex Corp., Sunnyvale, CA. The chromatographic condftions
used have been reported. The O@las removed by the addition of
0.5 mL of 1 M en per 100 mL o$ample.

A variation of the iodometric methd8?®was used to measure the
sum of OCI + CIO,~ at pH 1.3. The CI@ concentration was
determined by ion chromatography, and the O€bncentration was

(19) Nagypa |.; Peintler, G.; Epstein, |. Rl. Phys. Cheni99Q 94, 2954.

(20) Faian, I.; Gordon, G.norg. Chem.1991, 30, 3785.

(21) Cady, G. H.Inorganic SynthesjsMoeller, T., Ed.; McGraw-Hill
Company: New York, 1957; pp 156L65.

Reaction Order. Figure 1 shows representative second-order
and third-order plots of 2.13 M OCldecomposition with an
initial OH~ concentration of 0.165 M at 2%C. The plot of
1/[OCI7] vs time is linear throughout the experiment &
0.0037), whereas the 1/[OQF plot is increasingly nonlinear
as the % decomposition increases, demonstrating that the
decomposition is second-order in OCIThis second-order
reaction behavior occurred for both laboratory-prepared and
commercially produced OCI

These results are consistent with that reported by Listée
second-order process is in agreement with the proposed change

(22) Standard Methods for the Examination of Water and WastewHhéh,
ed.; Cleseri, L. S., Greenberg, A. E., Trussell, R. R., Eds.; American
Public Health Assoc.: Washington, DC, 1989; pp 2234, 298-
300.

(23) Gordon, G.; Cooper, W. J.; Rice, R. G.; Pacey, GDEsinfectant
Residual Measurement Methods: Second; EXIWA Research
Foundation: Denver, CO, 1992; pp-20, 39-41, 53-55, 150-151.

(24) Suzuki, K.; Gordon, GAnal. Chem1978 50, 1596.

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

(26) Van Loon, J. CAnalytical Atomic Absorption Spectroscopy: Selected
Methods Academic Press: New York, NY, 1980, pp-881.

(27) SCIENTIST: Mathematical Modeling Using Differential and Nonlinear
Equations MicroMath Scientific Software, P.O. Box 21550 Salt Lake
City, UT 84121, 1992.
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25 T T T ey Table 1. Initial Concentration of Each Anion Present and the lonic
] ] Strengths for Each OCISolution Used at Each Temperature
3 1 [OCIT] density [CIT] [OH™] [CIOs] [COg?7] [CIO;] wu
20 7 ] M) (@mbL) (M) (M) (M) (M) M M
g ] ocr ] Lab-Prepared OCI
g 15 7 ] 2127 1.113 0.158 0.165 0.022 0.016<LOD* 2.521
] Ty 4 2109 1.141 0.855 0.169 0.022 0.012<LOD 3.190
i ] 2117 1.169 1514 0.168 0.022 0.011<LOD 3.855
- i 2164 1.209 2439 0.171 0.022 0.011<LOD 4.830
1.0 7 e 3.065 1.154 0.264 0.120 0.036 0.011 0.001 3.520
. —  * ] 3.026 1.182 0.959 0.122 0.036 0.011 0.001 4.176
] Cr. ] 2974 1213 1.754 0.121 0.034 0.010 0.001 4.913
0.5 CIO,~ . 2969 1.247 2581 0.114 0.034 0.010 0.001 5.729
/MM/.W ] Commercial OCt
_.”.,4 2.801 1.250 2910 0.113 0.014 0.009 0.002 5.867
0.0 WA= . T . AR 2292 1.207 2.381 0.092 0.011 0.007 0.002 4.799

o 50 100 150 200 250 300 350 1.779 1166 1.848 0.072 0.009 0.006 0.001 3.727
1250 1.118 1.299 0.050 0.006 0.004 0.001 2.618

Time (days) 0.714 1.069 0.742 0.029 0004 0.002 0.001 1.492
Figure 2. Measured and simulated decomposition of 2.15 M Gdtl 1537 1149 1.610 0.125 0.012 0.011 0.005 3.322
25°C with [OH7] = 0.100 M,kg; = 7.70x 10° Mt s} k = 1.54 1.066 1.104 1.117 0.087 0.008 0.008 0.003 2.305
x 1008 M~ s, andkox = 8.95 x 1070 M1 5L, 0.578 1.055 0.605 0.047 0.005 0.004 0.002 1.249

in mechanism when compared to the third-order decompoXition

that dominates in the pH-39 region. 0.734 1067 0.807 0.026 0014 0004 0002 1595
A commercially available software packdgevas used for A ¢ 0,1 =

numerical simulation based on the EPISGPIhtegrator and LOD for [CIO,] = 0.001 M.

least-squares data fitting using the Po#ellgorithm. Numerical  Taple 2. Measured Second-Order Rate Constants forOCI
simulation was used to calculate the concentration of each Decomposition at Similar lonic Strengths

species as a function of time to test the proposed mechanism k

and rate constants. Simulation results for the decomposition of A % err
2.15 M OCI at pH 13 are shown in Figure 2. The lines ,°C A B average % errer
correspond to simulated concentrations, and the symbols are 25 5.88 5.82 5.86 1.0

experimental points. The simulated OGind CIQ~ concentra- 35 21.5 21.2 21.3 15

- : : I 45 76.4 76.4 76.4 0.0

tions agree with the measured concentrations to within 3%. The 55 235 231 233 14

measured and fitted values kf; (eq 3) are 7.70«< 10°° and N
7.96 + 0.05 x 10® M1 s71, respectively. The simulated ?Conditions: (A) [OH] = 0.171, [OCI] = 2.164,u = 4.830; (B)
production of Q and will be discussed later. [OH] = 0.121, [OCI] = 2.974, = 4.913. Units fork, are M* s
. L x 108, b (Ako./averagek;) x 100.
lonic Strength and Temperature. Hypochlorite ion decom-
position experiments were carried out with 2.13 and 3.07 M Table 3. Measured Second-Order Rate Constants for OClI
OCI~ at four NaCl concentrations ranging from 6.2.6 M. Decomposition at the Temperatures and lonic Strengths G&iven
Each experiment was carried out at 25, 35, 45, antiGor a ~0.17 MOH, ~2.1 MOCF ~0.12 M OH-, ~3.0 M OCIH
total of 32 experiments. Additional experiments were carried | o~

out with commercial OCl solutions ranging from 0:62.8 M. a ke e ke
Each of the commercial OCldecomposition experiments was 25 2.521 249 3.520 3.70
. o 25 3.190 3.18 4.176 4.58
carried out for 90 days at 15, 25, 35, 45, and°&5for a total 25 3.855 419 4.913 5.82
of 60 additional experiments. The initial anion concentrations 25 4.83 5.88 5.729 7.67
and t.he ionic strengths are given in Table 1 for all of the OCl 55 2521 9.95 3.520 13.30
solutions used. 35 3.190 11.97 4.176 16.60
The 2.164 and 2.974 M OClsolutions from Table 1 have 35 3.855 15.42 4913 21.16
similar ionic strengths, 4.830 and 4.913. The second-order plots 35 4.830 21.47 5.729 27.25
of these solutions were linear, and the measured rate constants 45 2.521 32.75 3.520 48.44
are compared in Table 2. The rate constants agree with an 45 3.190 42.42 4.176 62.15
average error of 1%. The data in Table 2 show that OCI 45 3.855 55.34 4.913 76.39
solutions with different OCI concentrations but similar ionic 4.830 76.38 5.729 100.2
strengths have similar second-order rate constants. These results>> 2.521 104.1 3.520 148.5
demonstrate that the NaCl added is contributing to the ionic 55 gzégg igg:i i:ézg %giz
Strength and Clis not involved mechanistically in0.1 M OH 55 4.830 234.6 5.729 304.8

Second-order plots were linear for all 92 ionic strength o ) )
2k, has three significant figures, but four have been presented in

— - - some cases to eliminate rounding errors in continuing data analysis.
(28) Byrne, G.; Hindmarsh, A. EPISOPE: An Experimental Package for jnits for k, are M1 st x 105,

the Integration of Systems of Ordinary Differential Equations with

Banded Jacobians. Lawrence Livermore National Laboratory report, . )

UCID-30132, Livermore CA, April, 1976. temperature experiments, with< 0.005. The measured second-
(29) Powell, M. J. D. A FORTRAN Subroutine for Solving Systems of order rate constants are given in Tables 3 and 4.

Nonlinear Algebraic EquationdNumerical Methods for Nonlinear ; . . I
Algebraic Equations Robinowitz, P., Ed.; Gordon and Breach Each OCI concentration studied had a different ionic

Scientific Publishers: New York, 1970; Chapter 7. strength. Usingd,; as the measured second-order rate constant
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Table 4. Rate Constants for Commercial OODecompositiof 0.50 15 8
ke T *
& 0.40f T
T,°C u=5867 u=4799 u=3727 u=2618 u=1492 S . S
O
55 289 219 160 114 75.8 T 0.30 | ©
45 934 67.9 50.8 35.0 22.3 - : T
35 26.7 19.7 14.1 9.76 6.31 ° -
25 7.33 5.42 3.73 2.53 1.83 \E, 0.20 ¢ °
15 1.91 1.33 0.93 0.61 0.35 €
u=3.322 u=2305 u=1.249 °  0.10 ~
55 152 104 65.9 cg i
45 44.0 31.6 20.6 , o
35 123 8.52 5.79 0.00 «
15 0.82 0.52 0.30 _
§=4486 u=3.867 u=2717 u=1595 14—log[OH"]
55 198 164 112 89.0 Figure 3. Initial rate of (10%) OCt decomposition and CI©O
45 64.1 54.2 36.3 24.9 formation as a function of [OH with [OCl ], = 2.15 M at 25°C.
35 17.8 14.7 10.0 6.45
25 4.84 3.96 2.59 1.63 14-1og[OH-],
15 1.19 0.97 0.65 0.35 o 14.00
aSee Table 1 for individual ion concentrations. Units kpare M
st x 10 A 13.10
for the decomposition of OC| an empirical® relationship —_ o 12,02
between the rate constant and the ionic streng)hhés the 'I
following form: o + 1110
[
logk,=bu + C (8) o) A 10.81
|
whereb and C are experimentally determined coefficients. L * 10.27
For the data in Tables 3 and 4, plots of lkegvsu are linear
(0 = 0.014) andbis 0.137, 0.147, 0.149, 0.155, and 0.155 for vo9.97
each plot at 55, 45, 35, 25, and 45, respectively. The average
value forbis 0.1494 0.005. The intercep) for each plot is 0 50 100 150 200 250 300 350 ¢  9.60
—6.31,—6.84,—7.41,—8.00, and—8.61 at 55, 45, 35, 25, and .
15 °C, respectively. Time (days)

An Eyring® plot of the data using the intercepts is linear ( Figure 4. The pH of OCI decomposition as a function of time with
< 0.019). Combining eq 8 and the Eyring eq, the effect of ionic [OCI], = 2.15 M at 25°C.
strength and temperature can be quantitatively described for
0-7_1:_”-0 M OCI™ from 15-55 °C wherek; has units of M* time and the chlorine mass balance determined via eqs 3 and 4
sec™ is available as supporting material for eight experiments with
_ [OH™] between 3.98< 107°and 1.00 M at 258C with an initial
log k, = 0.149: + log[2.083x 10°°T exp(~1.018x concentration of 2.15 M OCI Figure 3 demonstrates the effect
10°/RT) exp(=56.5R)] (9) of OH~ concentration on the initial rate of OCtlecomposition
and CIQ™ formation for these experiments. The decomposition

Using eq 9, calcula}ted values & can be compared with a5 3 minimum in the 0.0620.1 M OH- region. The presence
measuredk, from various sources of OCI The calculated rate of 1.0 M NaOH increases the initial rate of OQlecomposition

constants have an average error&%. Using the values for by a factor of 1.5 compared to the presence of 0.01 M—OH
theb term from each individual temperature produces calculated 7 . . ; . . o
This rate increase is due to an increase in the ionic strength as

k. values with an average error of 2%. The thermodynamic . "
parameters of activation at various ionic strengths within the Predicted by eq 8. At0.00125 M Gtithe rate of decomposition
range of ionic strength used in this study are: increases by a factor of 1.2 and increases dramatically below
an OH" concentration of 3« 1074 M. Even though at this OH
u (mol/L) = 1 2 3 4 5 . L
AH* (kImol)= 101.0 100.2 99.4 986 979 97. concentrationthe HOCI concentration is oflysoo Of the OCH
AS (Jmol°K) = —56.2 —55.9 —55.6 —55.3 —55.1 —54.8 concentration, the mechanism of decomposition proposed in the

) _ _ pH 5-9 region is still the dominant pathway of OCI
fEoffct;elct oéIHydrcglge lon (éogclfntratmn. 'I;jhe con:(:ent{atlonf decomposition in 3< 104 M OH".
0 -, - -, an measured as a function o " . . . .
Os-, 2 The OCIF decomposition mechanism which dominates in the
(30) Derivable equations such as the Davies (refs 31 and 32) equation arePH 5—9 region produces acid, as demonstrated in Figure 4 for
not applicable to the kinetic data because of the high ionic strengths eight experiments where [OHlis plotted as a function of time.

(1-6M). o ;
(31) Espenson, J. HChemical Kinetics and Reaction Mechanisms Below an .|n|t|al OH Concer,]tratlon of 0.01 M’ Fhe OH
(McGraw-Hill Book Company,1981), 170, pp. concentration of the OClsolutions decreases with time. Even
(32) ll-gg/éne, I.é\ls.i’hyswal Chemistry3rd ed.; McGraw-Hill: New York, though the initial rate of decomposition is at a minimum in the
; PP :

(33) Katakis, D.; Gordon, GMechanisms of Inorganic Reactigna/iley- [OHT] = 01001_0-1 M region, O_Cf solutions with an_[OH]
Interscience: New York, 1987; p 59. concentration below 0.01 M will slowly decrease in [OH
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Figure 6. Simulation results obtained for 2.15 M OCat an initial
i ) ) ) pH of 10.27 usingc = 7.70x 10° M1 s7%, k= 1.54x 106 M1
Figure 5. Measured and simulated CiOconcentration with same g1 andko, = 8.95x 10-1°M-1 s using (A) no additional mechanistic

conditions as Figure 2. steps, (B) a rate constant of 12 10° M~1 s7% for eq 11, (C)K =
0.001 anck =1.3x 1M ts*foreqgs 12 and 13 and, = 7.94 x

concentration, and the rate of decomposition increases signifi-10~.8
cantly when the [OH] concentration drops below & 1074
M. usingkey = 7.70x 10°M1s1 k= 1.54x 10 M-1s

The slow rate of OCl decomposition above an OH andkox = 8.95x 10719M~1s™1, Figure 6 (simulation A) shows
concentration of 3x 1074 M as compared to that in the pH the result of the simulation of the pH0.27 data using both
5—9 region is consistent with a change in the mechanism of mechanisms of OCldecomposition. After 65% decomposition,
OCI~ decomposition. This change in mechanism is also sup- there is an obvious discontinuity in the data that the simulation
ported by the fact that CI© is formed at measurable levels does not demonstrate. All laboratory and commercial OCI
(=2 x 1074 M) above an OH concentration of 0.001 M. The  decomposition data in the initial pH range of 80.5 demon-
measured and simulated GlQconcentrations for 2.15 M OCI strate the discontinuity which cannot be reproduced through
in 0.126 M OH are shown in Figure 5. This simulation simulation of the data using both mechanisms. The following
correctly predicts the rapid buildup of 0.01 M GiOand the equatiod* was added to the mechanism and used to produce
subsequent slower decrease of €l@ver time. The measured  simulation B:
and fitted values foks (eq 4) are 1.54 1076 and 1.93+ 0.27
x 107 Mt s7%, respectively. Cl,+ HOCI— CLO+H"+ClI” k=12x10°M's*

In the pH 5-9 region, measurablé ClO,™ is not present. (11)
Above an OH concentration of 0.01 M, the CIO level

nominally approaches 0.5% of the OGtoncentration at 25 The addition of this equation does not produce a significant

fC' g:l_orlte lon Is a relatévgg/llon Eﬁ]nC(érlanmon mtermgdlate improvement in the data simulation. Increasing the rate constant
or concentrations- 0. - The CIQ™ concentration of eq 11 from 1.2x 10° M~ s71 to the diffusion-controlled

quickly reaches a maximum and slowly decreases. At the point limit and repeating the simulation with various values Far

in time when [CIQ7] is at a maximum, the rate of CIO (between 1x 1077 and 3x 1078) did not improve the simulation
formation is equivalent to the rate of GJOloss and the results

corresponding terms in the derivative expression forCl&re The following equatior® were added to the mechanism and

Time (days)

equal: produced simulation C in Figure 6:
— 2 _ — —
ky[OCI]* = K{OCIT][CIO, ] (10) HOCI+ ClI"=HOCl,” K=1M"* (12)
By rearranging this eq and using the concentrations at the time HOCI,” + HOCI—CLO+CI" + H,0 k? (13)

of maximum CIQ~ formation, the ratio ok to kg is estimated
to be 2x 1 for the data set in Figure 5.

It should be noted that OCldecomposition data in 0.1 M
OH~ with borate ioA3 at 90°C shows that Cl@ can be formed
in a concentration as high as 4.4% of the OCbncentration.
Thus, the effect of temperature and matrix composition seem
to be very important factors and may cause changes in the
mechanism of OCl decomposition.

The individual decomposition mechanisms that dominate in
the pH 5-9 region and above pH 11 were combined and applied
to the numerical integration method. All following data simula-
tions are produced usingoth decomposition mechanisms
combined.

The simulated OCl and CIGQ- concentrations obtained for .

2.15 M OCF at initial pH values between 10.81 and 14.00 at (35) Eepenson, L. Hiwesigations of Rtes and Mechanisms of Reactions
25 °C are in good agreement-6%) with the measured data John Wiley and Sons: New York, 1986; Vol. 6, Part 1, pp 552.

The simulation result obtained usikg= 0.001 (eq 12)k =
1.3x 1 M~1s1(eq 13), anK,= 7.94 x 10°8 M represents
a significantly improved fit of the measured data € 0.38,
0.25, and 0.02 for lines A, B, and C, respectively). Thus, the
simulation result suggests that Glatalyzed decomposition may
be occurring in this pH region.

In summary, eqs-35 provide an accurate description of the
OCI~ decomposition in the pH 14 region. The inclusion of
the decomposition mechanidhthat dominates in the pH-5
region and eqgs 12 and 13 describes the decomposition of OCI
throughout the pH 514 region.
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Table 5. Rate Constants for OCIDecomposition at Various OH 20CI — O, + 2CI” (15)
Concentratior’s 2
14—1log [OH] slope kalkox  3Kei + 2kox kel Kox The rate expression for each decomposition pathway is:
Lab-Prepared OCI _ .
14.00 325 80 3.76 116 0.145 d[CIO; ]/dt =k [OCI'] (16)
13.10 310 20 2.50 0.806 0.040
12.02 3.12 16.7 2.44 0.783 0.047 — -12
11.10 3.18 111 3.29 1.03 0.093 d[Oz]/dt kOX[OCI ] 17
10.81 3.18 11.1 3.50 1.10 0.099 . . .
10.27 315 133 178 566 0424  The following relationships are used to calculate the rate
9.97 3.26 7.7 64.7 19.8 258 constants of the two pathways:
9.60 3.15 13.3 139 441 3.31
Commercial OCi plot 1/[OCI ], vs time slope= 3k, + 2ko, =k,
13.27 3.30 6.67 3.54 1.07 0.161
13.00 325  8.00 3.19 0.983 0.123 lot ATOCI 1vs [CIO. T slope= 3+ 2
12.89 3.23 8.70 3.17 0.982 0.113 P [ ] [ 3 ] P (kOX/kC|)
12.74 3.22 9.09 8.17 0.985 0.108 The oxygen formation has measured and fitted valuekdpr
12.57 321 952 3.16 0.984 0.103 10 10 o1l 1 .
12.42 325 8.00 314 0.965 0121 of 8.9 x 1019 and 5.1+ 0.7 x 10719 M~1 s71, respectively.
12.20 3.23 8.70 3.14 0.971 0.112 Although the value okoy is small and the error is large, the
11.86 3.24 8.33 3.16 0.975 0.117  oxygen pathway cannot be neglected.
11.33 330  6.67 3.46 105  0.157 The rate constants for OCldecomposition and the rate
10.90 3.25 8.00 3.90 120 0.150 constants for ClI@ and Q formation are given in Table 5. In
10.29 3.24 8.33 7.62 2.35 0.282 Table 5. th d rat tants f d-ord lot
10.06 392 9.09 175 543 0597 able 5, the measured rate constants from second-order plots
. ) L - (3kci + 2koy) in the 0.00740.126 M OH" concentration range
kei and kox have units of M* s x 10°. [OCI']o = 1.64 M form a minimum when compared to the results at other OH

(commercial) and [OClo = 2.15 M (lab-prepared) at 25C. concentrations. This produces a minimum for the rate constants

for ClOs~ formation and @formation. The significant difference

in the measured second-order rate constants in Table 5 for
laboratory-prepared and commercial O® due to the differ-
ences in the ionic strengths as predicted by eq 8. The measured
OCI~/CIO;~ stoichiometry is very similar for laboratory pre-
pared and commercial OCI The standard deviation of the
measured slopes (0.04) is equivalent to the combined experi-
mental error of 1.5% for the determination of the slope. The
measured OCICIO3™ stoichiometry does not vary significantly
between pH 9.6 and 14. The OQCIO;~ stoichiometry is
independent of temperature, OCtoncentration, and ionic
strength. Using the average stoichiometry of 3128.04, the
ratio of the rate constants for the two decomposition pathways
(keilkox) is 8.7+ 2.
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Rate of ClIO;~ and O, formation. In all OCI~ decomposition
experiments, a downward trend in the mass balance with time
occurs as calculated by means of eqs 3 and 4. For 60% OCI
decomposition with [OCl]p = 2.15 M and [OH], = 0.126
M, the mass balance decreased from 248892 M. This is
due to the visibly observable formation of oxygen during the
decomposition, which is consistent with Lis#ér.

Plots of OCt decomposition as a function of C}Oformed
for the OH™ concentration range studied have slopes equal to
3.23 £ 0.04. If the only pathway for OCl decomposition is
ClOs~ formation, the slope would be 3.00 as described by the
following stoichiometry for CI@~ formation:

30CI — CIO,™ + 2CI- (14)

The slope ([OCH]/[CIO37]) was not found to vary with reaction
time because the CIO concentration is never more than 0.6% Supporting Information Available: The concentration of OC]|

of the OCI concentration. The amount of CJO produced/ ClO;, CIO;~, measured as a function of time and the chlorine mass
consumed during the decomposition has no observable effectbalance determined via egs 3 and 4, is available for eight experiments
on the stoichiometry determination. The slopes are greater thanffom pH 9.60 to an OH concentration of 1.0 M at 25C with an

3 and demonstrate that,@ formed by a minor pathway that !nltlal goncentratlon of 2.15 M laboratory-prepared OCThis material
affects the OCI/CIO;~ stoichiometry, which is consistent with is available free of charge via the Internet at http://pubs.acs.org.
Lister15 1C980020Q



