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radicals; analogous products were observed by ESR spectrometry 
in the oxidation of kojic acid by Ce(IV).24 We assume that such 
radicals are  formed in the reduction of Np(V1) by HK.  Such 
phenoxy radicals would be unstable because the nonbonding orbital 
of the oxygen atom does not overlap with the ?r-bonding orbitals 
of the ring. There may be ring cleavage in the subsequent reaction 
of the phenoxy radical of kojic acid. 

The empirical rate law, eq 1, as well as the linear plot of the 
In ( k /  7') vs 1 / T data, excludes a mechanism consisting either of 
successive steps or of two or more competing parallel pathways 
with transition states of different composition. The inverse hy- 
drogen ion dependence on the rate indicates the existence of an 
equilibrium preceding the rate-limiting step with the hydrogen 
ion produced as a byproduct in this equilibrium. Such a depro- 
tonation is most likely associated with formation of kojate anions 
from kojic acid. The effect of ionic strength is consistent with 
the interaction of the kojate anions with NpOZ2+ to form the 
activated complex. These considerations lead to the mechanism 
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'K - products (5) 

The rate equation derived from this mechanism is 

where k ,  is the rate constant for the rate-limiting step, is the 
stability constant for formation of Np02K+,  and K, is the asso- 
ciation constant for kojic acid. From log Ka = 7.67 and log PI 
= 7.1 (the value for formation of [U02K+]25*26) the rate equation, 
for our conditions, can be reduced to 

From eq 1 and 7, we derive the relationship k = k,/3,/Ka, which 
results in a value of k l  = 6.06 f 0.30 S-I a t  25 OC and I.L = 1.0 
M (NaCl). 
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The very rapid reaction between HOC1 and I- is general-acid- (HA-) assisted. The proposed mechanism is 

HOCl + I- & HOCIP 

HOClI- 2 HO- + IC1 

H O C K  + HA -% H 2 0  + IC1 + A- 

k-1 

fast 
IC1 + 21- - 1,- + c1- 

where a stability constant ( k l / k - ,  = 220 M-I) is determined for the HOCII- intermediate from kinetic data and the limiting rate 
constant at high [H'] is k ,  = 4.3 X lo* M-I S-I. Values for third-order rate constants (with the general form k l k H A / ( k O  + k- , )  
(M-2 s-l) at 25.0 OC, ,u = 0.1) are evaluated for H30+ (3.5 X lo"), CH3COOH (3.2 X lo"'), and H2PO4- (2.6 X lolo) and give 
a Bransted a value of 0.1 1, which indicates a small degree of proton transfer in the transition state. For the H20  path, k O k l / ( k o  
+ k- , )  = 1.4 X lo8 M-l s-I. The reaction between trichloramine and iodide exhibits saturation kinetics due to the formation of 
NCIJ (K, = 6 X lo3 M-I), which undergoes first-order decomposition (k2 = 1.5 X lo4 s-l at 25.0 "C and ,u = 0.1) to HNC12 
and ICI. Acids do not affect the rate of NCIJ decomposition. For these two studies first-order rate constants fall in the range 
of 10 000-142 000 s-I and are measured by pulsed-accelerated-flow spectroscopy. 

Introduction 
Stopped-flow studies showed1 that the reaction between Oc1- 

and I- is general-acid-assisted with a Bronsted value of 0.75. 
The thirdmorder rate constant for H,O+ + oc1- + I- is so large 
(4.4 X lOI5 M-z s-l) that it is necessary to assume HOCl forms 

first (which is not the case for other acids) and that its reaction 
with 1- has a second-order rate constant Of 1.4 X 10' M-' S-'. In 
the present study we examine the direct reaction between HOCl 
and I- by use of pulsed-accelerated-flow (PAF) methods2s3 and 
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so i t  is very volatile and easily lost from aqueous solution. Al- 
though its reaction with iodide is used for analytical methods, the 
yield of I, from NCI3 is only about 80% of the theoretical amount.’ 
Despite these problems we are able to measure the very fast rate 
of I,- produced when NCl, reacts with I-. The reaction is nearly 
independent of the iodide concentration due to the formation of 
a complex (NC131-) with a large association constant (6 X lo3 
M-I). The reaction is not assisted by buffer acids and does not 
have a [H+] dependence. 

Experimental Section 
Solutions of HOC1 were prepared by dilution of 10% NaOCl solution 

(Mallinckrodt) into buffered or HCIO4 media, which was first filtered 
and degassed for use with the PAF spectrometer. Some experiments were 
performed with dilutions of a NaOCl solution prepared by the passage 
of Clz through concentrated NaOH. These solutions were used only for 
1-2 weeks to minimize the degree of contamination from OCI- decom- 
position products.I2 The absorbance at 235 nm (e  = 100 M-I cm-l)I3 
was used to determine the concentration of HOCI. The -log [H+] values 
of buffered solutions were adjusted prior to the addition of NaOCI, and 
these values were redetermined after the kinetic measurements. 

Solutions of NCI, were prepared from a mixture of 3 equiv of HOC1 
and 1 equiv of NH,, with both solutions initially below pH 3.5. The NH, 
stock solution was standardized by titration with HC104 with bromocresol 
green as the indicator. The HOC1 and NH, solutions were mixed 
through a twin-jet mixer, and the resulting NCI, solutions were kept 
overnight to allow all side reactions to go to completion. The concen- 
tration of NCI, was determined spectrophotometrically at 336 nm (c  = 
195 M-’ cm-’).I4 Immediately after standardization the NC13 solution 
was divided into small containers with no headspace. These containers 
were stoppered and covered to exclude light. Only one aliquot was drawn 
from each of these containers in an attempt to minimize the loss of NCI, 
due to volatility. All necessary -log [H’] adjustments, filtration, and 
degassing were performed prior to the addition of NCI, to the reaction 
media. 

Buffer solutions were prepared from NaH2P04 and NaOH and from 
CH,COONa and dilute HC104. Solutions of NaI were flushed with 
argon to remove oxygen. The NaI was ~tandardized’~ by oxidation of 
iodide to iodate with bromine (excess bromine was removed by boiling), 
followed by addition of excess NaI and HCI, and titration with a 
standardized solution of Na,S,O,. All solutions were prepared with 
distilled, deionized water. The ionic strength was controlled with re- 
crystallized NaC104. Perchloric acid was standardized with a NaOH 
solution that in turn was standardized with potassium hydrogen phtha- 
late. 

A Sargent-Welch No. S-30072-15 combination electrode connected 
to an Orion Research Model 601 Ionanalyzer was used to measure pH. 
These pH values were corrected to -log [H+] values with electrode pa- 
rameters that were obtained via a strong-acidstrong-base titration, with 
subsequent analysis of the titration data by the method of Gran,I6 fol- 
lowed by a linear regression of measured pH and calculated -log [H’] 
values. 

UV-vis spectral data were obtained with a Perkin-Elmer Model 320 
spectrophotometer. Data were collected at a temperature of 25.0 (fO.l) 
O C .  A spectrum of a blank of the appropriate composition was stored 
in memory and automatically subtracted from all scans. 

A Durrum stopped-flow spectrophotometer interfaced” to a Hew- 
lett-Packard 2100s minicomputer was used to determine the amount of 
HOCl in NCI, solutions by reaction with bromide. The formation of 
Br2/Br< was monitored at 360 nm (ee,, = 175 M-I cm-I, eBr3 = 600 M-’ 
cm‘l, with a formation constant of 17 M-1).5 The absorbances of the 
NaBr and NCI,/HOCI solutions were then determined. The traces for 
the reaction of Br- with a mixture of NCI, and HOC1 show that two 
reactions take place. The first, between HOCl and Br-, is observed as 
an absorbance jump. A study of the reaction of HOC1 and Br- reports5 
an expression for kobd in buffered solutions (eq 7), where k”is 1.55 X 

(7) k,,, = ( k ” +  kH”[H+] + kHA”[HA])[Br-] 

confirm the value of the second-order rate constant. W e  find that 
the reaction is also general-acid-assisted but has a much smaller 
CY value (0.1 l), as expected, because HOCl  is a very weak base. 
Analogous reactions a re  known for Cl, formation (eq l ) ,  which 

was studied by relaxation  technique^,^ and for BrCl formation 
(eq 2), which was studied by stopped-flow  method^.^ The re- 

( 2 )  
actions of interest in this work (eq 3) are extremely rapid and are 

(3) 

H+ + HOCl + C1- = H,O + Cl, (1) 

AH + HOCl + Br- - A- + H 2 0  + BrCl 

AH + HOCl + I- -+ A- + HZ0 + IC1 
irreversible. Although they cannot be studied by stopped-flow 
or by relaxation techniques, they can be observed by the PAF 
met hod. 

Two lines of kinetic evidence indicate that an  HOCK inter- 
mediate species is present in these reactions. As the I- concen- 
tration increases at low acidities, there is a small, but noticeable, 
deviation from the initial first-order dependence in [I-]. Secondly, 
as [H+] is increased above lo-) M, a kinetic saturation effect is 
observed. 

The rates of iodide oxidation by NH2CI and NHCl, also a re  
general-acid-assisted,’ and a general mechanism (eq 4) can be 
written, where the acid form of a buffer participates in the 
rate-determining step. In the  transition state (1) a proton is 

AH + ZC1 + I- - A- + HZ + IC1 (4) 

I 

II 
, 

H+ 
I 

I 
I 

A- 
1 

donated to the oxygen or nitrogen atom in the  chlorine species 
(ZCI) as a bond forms between C1 and I- and the Z-C1 bond is 
broken. The net result is a C1+ transfer to I-. The rates decrease 
with the basicity of the  chlorine species (OCI- >> NH2C1 >> 
NHC12). However, this trend reverses for HOC1 and NCI,, which 
both react very rapidly with I- despite their extremely low basicity. 
The  NCI3 reaction with I- is complete within the dead time of 
stopped-flow measurements, and all that  is observed is the sub- 
sequent much slower reaction of NHCl, and I-. Therefore, the 
NC13 reactions also are studied by the PAF method. 

One of the initial reaction products is IC1, which reacts with 
excess I- (1.1 X lo9 M-’ s-I, obtained by PAF methods)6 to give 
1, (eq 5), and I, reacts with 1- (6.2 X lo9 M-’ S-I, obtained by 
relaxation methods)’ to give 13- (eq 6). The  appearance of I< 

IC1 + I- - I, + c1- ( 5 )  

I, + I- s I,- K = 740 M-I (6) 
is a convenient way to follow the progrzss of these reactions due 
to its large molar absorptivity (e = 26400 M-’ cm-I) a t  353 nm.* 

Studies that involve NC13 are difficult for several reasons. The 
pure compound undergoes spontaneous e x p l o s i ~ n s , ~ ~ ‘ ~  and its 
isolation is not recommended. Dilute acidic solutions of NCI, are 
relatively stable but invariably contain small amounts of HOCI. 
The vapor pressure of NC13 is 150 Torr a t  room temperature,” 
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Figure 1. Experimental data for the reaction of HOC1 and I- obtained 
by the pulsed-accelerated-flow method. The solid line is a least-squares 
fit of eq 12. Conditions: [HOCI] = 1.0 X lo-’ M; [I-] = 0.245 X lo-’ 
M; [H+] = 1.70 X lo-’ M; h = 0.1; 25.0 OC. The rate constant for this 
data set is 49 (f2) X IO’S-’. 

10’ M-’ s-I, kH” is 1.32 X lo6 M-* s-I , a nd kHOA/ (for CH’COOH) is 
2.09 X lo4 M-2 s-’. The [H+], [OAc],, and [Br-] values were adjusted 
to make the HOC1 + Br- reaction complete within the dead time of the 
stopped-flow instrument. The absorbance jump is used to calculate 
[HOClIo in the NCI3 solution. The second reaction, between NCI3 and 
Br-, is measurable on the stopped-flow instrument. At [ o A c ] ~  = 0.1 M, 
-log [H+] = 4.68, [Br‘] = 0.2 M, and p = 0.5, the pseudo-first-ord:r rate 
constant for NC13 + Br- was found to be 1.93 (5) s-’. As is the case with 
the iodide reaction’ with NCl,, the stoichiometry of the reaction is not 
known. 

Pulsed-Accelerated-Flow Method. A pulsed-accelerated-floh spec- 
trometer, Model IV,I8 was used to obtain kinetic data for the reactions 
of iodide with HOC1 and with NC13. This instrument has a wavelength 
range of 200-850 nm. Improvements in the optics of the instrument lead 
to much higher throughput as compared to that of earlier  model^.^,^ The 
PAF spectrometer employs integrating o b s e r ~ a t i o n ~ ~ ~ ~ ~  during cantinu- 
ous-flow mixing of short duration (a 0.4-s pulse). The purpose of the 
pulsed flow is to conserve The reactants are observed along 
the direction of flow from their point of mixing to their exit frclm the 
observation tube (1.025 cm). A twin-path mixing/observation cell made 
from poly(viny1 chloride) was used.’ In this study, the flow was decel- 
erated during the pulse to give a linear velocity ramp,21 and 250 mea- 
surements of the transmittance were taken as the flow velocity in the 
observation tube changed from 12.5 to 3.0 m s?. The velocity variation 
permits the chemical process to be resolved from the mixing pro~ess.~.’ 
The method of observation, the efficient mixing, and the variation of flow 
velocity permit accurate measurement of first-order rate constants as 
large as 180000 s - ’ . ’ , ’ ~  This is a factor of lo’ larger than can bc mea- 
sured by typical stopped-flow methods. Solution reservoirs, drhe syr- 
inges, and the mixing/observation cell were thermostated at 25.0 1<&0.2) 
O C  with a circulating water bath. Reactant solutions were drawn directly 
from the reservoirs into the drive syringes through Teflon tubin!. 

The fundamental relationship used in the analysis of first-order PAF 
data is given in eq 8, where Merptl is the defined absorbance raticl, A, is 
the absorbance of the reaction mixture at a given instantaneous velocity, 
A, is the absorbance at infinite time, A. is the absorbance at tim: zero, 
kapp is the apparent rate constant (s-I), b is the reaction path length 
(=0.01025 m), u is the solution velocity in the observation tube (in s-I), 
and Y is a parameter that is iterated to fit the e q u a t i ~ n . ‘ ~ . ~ ~  !dl ab- 

sorbances are measured in  the PAF spectrometer. The apparent rate 
constant, kapp, is related to the reaction rate constant, k, (s-I), and a 
mixing rate constant, k,,, (s-I), by eq 9.2,3 The mixing rate constant, 

(9) 
_ -  1 -L+- 1 
kap, km,, kr 

kmir, depends on the velocity (eq lo), where k, is a mixing constant. 
kmix = k,u (10) 

~~ ~~~~~~ ~~ 
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Table I. Iodide Dependence of the Pseudo-First-Order Rate 
Constants for the Reaction of HOC1 and Excess I-“ 

lO’[I-], lO’[HOCI], 10-3k,, 1 O’[I-], 10SIHOC1], I O-’k,, 
M M S-I M M S-’ 

0.196 0.81 16.7 (7) 0.491 1.63 42 (1) 
0.294 0.81 25.0 (3) 0.736 1.63 58.1 (3) 
0.392 1.63 32.1 (8) 0.981 3.25 73 (1) 

[PO4], = 1.0 X lo-’ M; -log [H+] = 7.30. 

Typically, k, is greater than 1700 m-] and u is 3.0-12.5 m s-’, For 
first-order rate constants greater than 4000 s-I, exp(-Y) << 1 in eq 8 and 
the model simplifies to eq 1 1 .  Substitution of eq 9 and 10 into eq 1 1  

A , - A  1 u 
Mcrptl = - = - + - 

Ao- A, bk, bk, 

yields eq 12, where Mexptl is a linear function of velocity for fast reactions. 
Plots of Melptl vs u (Figure 1) have slopes of l/(bk,) and intercepts of 
1 /(bk,) for first-order reactions. Experimental data for the kinetics of 
I< formation (observed at 353 nm) from solutions of HOCl and I-, and 
from NCI, and I-, obey the model of eq 12 over the entire range of rate 
constants studied. The pseudo-first-order rate constants (kr, s-I) reported 
in this work are obtained from linear regressions of Mcxptl vs u plots. All 
kinetic data obtained on the PAF spectrometer were collected under the 
following conditions: = 0.1 (with NaC104), 25.0 O C ,  and X = 353 nm. 
The k, values reported in the tables are averages of at least three trials. 
The values in parentheses denote one standard deviation in the last digit. 

Results and Discussion 
Series Reactions and PAF Measurements. The large molar 

absorptivity of I,- not only makes it a useful indicator to study 
the rate of reaction between HOCl and I- but also makes it 
difficult to observe other species directly. As the reaction is carried 
out in a large excess of I-, triiodide is formed at the end of a series 
of reactions (eq 13a) that can be designated by the labels in eq 
13b. The integrating observation used in the PAF measurements 

I- 1- H+ 
HOCl + 1- - IC1 - I, Z I,- ( 1  3a) 

responds to the absorbance changes for all the reactions that take 
place from initial mixing until the time of exit from the observation 
tube. If the solutions were brought together with perfect mixing 
(Le. the reactant mixture was instantaneously homogeneous as 
it entered the observation tube), the ratio of rate constants’,6 for 
kBC/kAB would be 1.1 X lo9 M-’ s-’/1.4 X lo8 M-’s-’ = 7.9 
(provided the A to B reaction is not acid catalyzed). This would 
cause a small buildup of the intermediate IC1 species in accord 
with eq 14,22 such that [ICl],,, would reach 8.6% of [HOCI],. 

The buildup and decay of IC1 would cause the formation of I,- 
to lag behind the reaction of HOCl and I-. However, the fact 
that mixing is not instantaneous is an advantage in these mea- 
surements. The rate of formation of IC1 is influenced greatly by 
the mixing rate, and the apparent rate constant (kapp) for its 
formation is much smaller than the product (1.4 X 108)[1-] (=k,), 
in  accord with eq 9. On the other hand, the solution is already 
mixed after IC1 forms, so that the kBc rate constant (=(l . l  X 
109)[1-] s-I) for the formation of I2 and kcD for the formation of 
1,- are not seriously affected by the mixing process. The C s 
D step behaves as a reversible first-order process, where kobsd = 
kcD -I- kDc (kcD = 6.2 X lo9 M-’ S-’ and koc = 8.5 x lo6 S-I),’ 

( 2 2 )  Espenson, J .  H. Chemical Kinetics and Reaction Mechanisms; 
McGraw-Hill: New York, 1981; p 66. 
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so it is a relatively fast process. The final ratio of 1</12 varies 
from 0.15 to 0.73 as the I- concentration increases. This permits 
the observed formation of I,- to be used as an indicator for the 
A to B step. 

For example, consider the conditions used for the lowest I- 
concentration (0.196 X M) in Table I a t  -log [H'] = 7.30. 
The velocity range is 3-12 m SKI and k ,  = 2000 m-l, so that k,, 
= 6000-24000 s-, (eq 10). The predicted value for k ,  (eq 15) 

(15) 
k, = (1.4 X lo8 M-' sT1 [I-lfHOCI 

hoc1 = [H+I / ( [H+I  + Ka) 

is 15 920 s-'. In eq 15,fHocr is the fraction of [HOC1IT in the 
form of HOCl (fHocl = 0.58), because the pK, of HOCl is 7.44.13 
From eq 9, a t  v = 3 m s-,, kapp(3) =, 4360 s-l, while a t  u = 12 m 
s-l, kapp(12) = 9570 s-,. Since kBC IS unaffected by mixing, the 
ratio kBC-kAB changes from 49.4 to 22.5 during the velocity change 
in the PAF measurement. This predicts that [ICl],, should reach 
only 1.8% of [HOC1IT a t  u = 3 m s-' and 3.7% of [HOC1lT at  
v = 12 m s-I. The deviation that this causes in the change of the 
integrated absorbance with velocity is smaller than the experi- 
mental error of the measurements. The experimental value of 
k, under these conditions is 16 700 f 700 S-I. This is very close 
to the predicted value of 15 920 s-l, and as we shall see the pre- 
dicted value should be slightly larger due to the presence of 2.4 
X 

As the I- concentration increases (from 0.2 to 1 .O mM in Table 
I), the kBc and kco rate constants increase 5-fold, but the kAB 
rate constants change much less because the k,, values dominate 
kapp and are unchanged. Therefore, the buildup of IC1 is much 
smaller and I,- formation is a suitable indicator for the reactions 
of HOC1 with the full range of I- concentrations under the con- 
ditions in Table I. 

Iodide Dependence of the HOC1 Reaction. The reaction of a 
mixture of OC1- and HOCl (-log [H'] = 7.30 and [P041r = 1.0 
X M) with excess I- gives excellent Mexptl vs u plots, and k, 
values vary from 16 700 to 73 000 s-l as the I- concentration 
increases (Table I). The k, values are the averages of a t  least 
three runs, and the standard deviations range from 1.4 to 4.1%. 

The rate of the proton-transfer reaction (eq 16) can be cal- 
~ u l a t e d , ~ ~  on the basis of a positive ApK, value (7.44 - 6.80), to 
be approximately lo9 M-' s-I a t p = 0.1 and 25.0 'C. Even the 

H2P04-  + OC1- z HP042-  + HOCl (16) 

lowest concentration of H2P04-  (2.4 X M) is sufficient to 
ensure that the pseudo-first-order proton-transfer rate constant 
(2.4 X lo5 s-,) is much larger than the measured k, values and 
that the reactions are not limited by the proton transfer in eq 16. 

The reaction of HOCl and I- is first order in [I-] at  the lower 
iodide concentrations used, but some deviation from linear behavior 
is seen at [I-] > 0.4 X M (Figure 2). This behavior indicates 
saturation kinetics, or the existence of a rapid preequilibrium step 
prior to the rate-determining step. We propose a mechanism for 
this system (eq 17 and 18) that goes through an H O C K  species, 

HOC1 + I- S H O C K  

M H2PO4-, which assists the reaction. 

(17) 

(18) 

ki 

k-1 

ko 
HOClI- - OH- + IC1 

which decomposes (ko )  to form OH- and IC1. The IC1 formed 
reacts rapidly with excess I- to form 13- (eq 5 and 6). The rate 
law is given in eq 19, where it is initially assumed that a pree- 

Nagy et al. 

K,'ko[I-I [HOC1l 
rate = 

1 + K1'[I-] 

quilibrium exists for HOCII- with a stability constant of Kl'. As 
given in eq 15, we need to account for the fraction of [OC1-lT that 

( 2 3 )  Eigen, M .  Angew. Chem., Int. Ed. Engl. 1964, 3, 1-72 

i 

~ ~ " " " " " ' " " " " ' ' "  

0 0.4 0.8 1.2 

1 0 ~ ~ 1 - I ,  M 

Figure 2. Pseudo-first-order rate constants vs [I-], the excess reagent, 
for the reaction between HOC1 and I-. The solid line utilizes the full 
expression in eq 20. The dashed line represents the case where [HOCII-] 
is negligible and saturation kinetics are not observed. 

exists as HOC1 at -log [H+] = 7.30, and this combined with eq 
19 gives the relationship between k,  and [I-] (eq 20). Rear- 

rangement of eq 20 yields a linear form (eq 21) that can be used 
to resolve values for KI' and ko. The values determined are K,' 
= (1.5 f 0.5) X lo2 M-' and ko = (1.0 f 0.3) X lo6 s-l, and the 
solid line in Figure 2 is calculated from these values and eq 20. 

Hydrogen Ion Dependence of the HOCl and I- Reaction. The 
kinetics of the reaction were studied with variation of [H+] from 
0.454 X lo-, to 3.97 X M. The HOCl and I- solutions were 
adjusted to the same [H'] before mixing. The iodide concen- 
trations used were in the range where a first-order [I-] dependence 
was observed at -log [H'] = 7.30. The iodide concentrations were 
selected to be low enouph to avoid appreciable formation of 
H O C K  and to be high enough to permit 13- formation to serve 
as a suitable probe of the kinetics without appreciable buildup 
of the IC1 intermediate. As the [H+] increased, the reaction rate 
increased and it was necessary to increase [I-] from 0.245 X lo-, 
to 0.390 X M to meet these criteria. Unfortunately, the I- 
concentration cannot be increased further without making the k,  
values too large to be measured by the PAF method. 

Division of the pseudo-first-order rate constants in Table I1 by 
[I-] gives second-order rate constants that initially increase with 
[H'] and then appear to level off (Figure 3). This behavior is 
consistent with saturation kinetics in [H'], and the mechanism 
must have a proton-assisted path. The results suggest a mechanism 
with a H+-assisted breakup of HOClI- (eq 22) in addition to the 

H +  + HOCII- -% H 2 0  + IC1 (22) 

(23) 
kl(kO + kHIH+I) [I-] [HOC1l 

k-1 + ko -k k,[H+] 
rate = 

+- 
kIk0 kok1 

steps in eq 17 and 18. The rate law becomes eq 23. Rear- 
rangement of eq 23 yields eq 24, which can be used to determine 
a value for kl  (4.3 (h0.3) X lo8 M-I s-' ) a nd kH/ko (2.5 (f0.5) 
X lo3 M-I). The fit of the model to the data was performed with 
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Table 11. Acid Dependence of the Reaction between HOC1 and I-a 
103[1-], 103[H+], 10-3k,, 103[1-], 103[H+], 10-3k,, 

M M S-1 M M S-I 

0.245 0.454 50 (2) 0.390 1.70 122 (4) 
0.368 0.907 98 (2) 0.390 2.27 120 (8) 
0.390 1.13 115 (5) 0.390 3.97 142 (4) 

'[HOCI] = 1.0 X M. 

: 
0 

0 1 2 3 4 5  

l o 3  CH'I, M 

Figure 3. Plot of the second-order rate constants vs [H+] for the reaction 
of HOCl and I- obtained in HCIO, medium. The solid curve is calcu- 
lated from the rate constants in Table IV for the model given in eq 24. 

a simplex optimization p r o c e d ~ r e ? ~ . ~ ~  At [H+] = m, eq 24 reduces 
to eq 25, which means that k l  is the limiting rate constant. As 

k,/[I-l = kl (25) 
[H+] approaches zero, eq 24 reduces to eq 26, which is the ex- 

(26) 

pression for the value (1.4 X lo8 M-' s-l) determined previously 
from the inverse [OH-] dependence in the reaction of OCI- and 
I-.l This value can be used along with the value of k, to determine 
the k-]/k0 ratio, which equals 2.1. 

The fact that k-] is not much greater than ko means that the 
first step in this mechanism is not a rapid preequilibrium. The 
study in acidic solutions was carried out at  a high enough H+ 
concentration and with [I-] sufficiently low that a steady-state 
condition was reached, with negligible concentrations of H O C K  
present. However, the iodide-dependence study was carried out 
under conditions where an appreciable amount of HOCII- was 
formed, and KIJ and ko must be corrected to reflect this fact. The 
apparent equilibrium constant, KIJ, is more accurately represented 
by eq 27. Rearrangement yields eq 28, and the corrected 

kr k1ko 
[I-] k-I + ko 
-=- -  - kHOCl 

equilibrium constant, KI,  has a value of (2.2 f 0.7) X lo2 M-I. 
Values for k-] (1.9 X lo6 SI), ko (9.0 X l o5  s-l), and kH (2.3 X 
lo9 M-' s-l) are calculated through the use of K1, kl, and the values 
for k-l/ko and kH/ko. 

General- Acid- Assisted Reactions in Buffered Solutions. The 
existence of a H +  path, along with the general-acid-assisted 
mechanism for the oxidation of iodide by OCI-, NH2C1, and 
NHCI,,' suggest that a general-acid-assisted path may also be 
active for HOC1 + I-. Therefore, [PO&, [OAc],, and -log [H'] 
values were varied, and the observed pseudo-first-order rate 
constants (Table 111) show that general-acid-assisted reactions 
do occur. 

Table 111. Kinetic Data for the Reaction of HOC1 and I-: [HA] 
Dependence" 

~O'IHA]T, -log lO-'k,, 1O3[HAlT, -log lO-'k,, 

Phosphate Bufferb 
[H+] s-l M [H+] s-I M 

1.0 7.31 
2.0 7.31 
3.0 7.31 
5.0 7.30 

10.0 7.30 
1.0 6.48 
2.0 6.48 
3.0 6.46 
5.0 6.46 
1.0 6.06 

21 (1)- 
20.1 (9) 
22.0 (7) 
23.4 (2) 
25.1 (6) 
32 (2) 
36 (1) 
39.5 (9) 
47.8 (8) 
34 (2) 

2.0 6.07 39 (1) 
3.0 6.07 38 (3) 
4.0 6.07 47 (3) 
5.0 6.08 48.1 (5) 
1.0 5.96 34.6 (7) 
2.0 5.85 35.6 (4) 
3.0 5.81 40 (1) 
4.0 5.82 45 (2) 
5.0 5.83 46 (4) 

Acetate BufferC 
1.0 4.24 33 (3) 3.0 4.59 37 (2) 
2.0 4.23 33 (1) 1.0 4.84 27 (2) 
3.0 4.21 36 (2) 2.0 4.82 27.6 (6) 
1.0 4.58 31.8 (6) 3.0 4.81 32 (3) 
2.0 4.58 32 (2) 5.0 4.81 33 (1) 

M. b[I-] = 0.245 X "[HOCI] = 1.0 X M. '[I-] = 0.242 
X lo-' M. 

Table IV. Resolved Rate Constants for the HOC1 + I- Reaction" 
~ ~~~~~ 

param resolved value 
Kl 
Kl 

ki 
k-I 
kHoCl = k l k O / ( k - l  + k O )  

kHjO' = k l k H / ( k - l  + k O )  

(1.5 f 0.5) X lo2 M-I 
(2.2 f 0.7) X 10' M-l 

(4.3 f 0.3) X lo8 M-I s-I 
(1.9 & 0.7) X lo6 s& 
1.4 X lo8 M-l s-l 

3.5 X 10" M-' s-I 
k0 

k H  

(9  f 3) x 105 s-1 

(2.3 f 0.5) x 109 M-1 s-I 
k H 2 p 0 i  = klkH2W4/(k-l t ko) 

kHOAd = klkHOAc/(k-l + ko) 

2.6 X 10" M-' s-' 

3.2 x 10" M-'S-' 
kH2P04 

~ H O A ~  

(1.7 f 0.6) X lo8 M-I s-I 

(2.1 f 0.9) X lo8 M-I s-l 

' k  = 0.1; 25.0 'C. 

Addition of a general-acid-assisted path to the mechanism gives 
the full set of equations (eq 29-34) for the mechanism (resolved 
values for the rate constants are given in Table IV), with the rate 
law given in eq 35. 

ki 

k-I 
HOC1 + I- HOCII- (29) 

(30) 

(31) 

(32) 

(33) 

(34) 

(35) 

HOCII- -% OH- + IC1 

k H  
H' + H O C K  - H 2 0  + IC1 

H A  + H O C K  - A- + H20 + IC1 

IC1 + I- - 12  + Cl- 

I, + I- ? 13- 

km 

fast 

fast 

kl(kO + kHIH'1 + kHA[HAl)[I-l [HOC11 
rate = 

k-l ko + k,[H+] + ~ H A [ H A ]  

The rate law can be simplified when the kH[H+] term in the 
denominator is significantly less than k-l + ko, so that kH[H+] 
can be dropped from the expression. In phosphate buffer, the 
lowest -log [H'] value used was 5.81 and the product kH[H+] 
equals 3.6 X lo3 s-I, while k-l + ko equals 2.9 X lo6 s-l. Therefore, 
the k,[H+] term can be dropped from the denominator and the 
numerator. The simplified rate law is rearranged into a form (eq 
36) that is used to determine kHA. A simplex optimization pro- 

(36) 
kl(kO + kHAIHAI) - kr =-- rate 

[HOCl],[I-] [I-lfHocI k-l k~ + ~ H A [ H A ]  
(24) Caceci, M .  S.; Catheris, W. P. Byre 1984, 9, 340-362. 
( 2 5 )  Yarboro, L. A.; Deming, S.  N. Anal. Chim. Acta 1974, 73, 391-398. 
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Table V. Summarv of Constants for the Bransted RelationshiD 

v) 

E 
* 2.0 

A 

:: 1.5 
" 

t 0 

\ I 
1 

1.0 u 
0 0.0025 0.0050 

CH,PO,'I, M 

Figure 4. Plot of the second-order rate constants vs [H,PO,-] for the 
reaction of HOC1 and I- obtained in phosphate buffer Cf&l = [H+]/ 
([H+] + KaHoC1)),  The solid curve is calculated from the rate constants 
in Table IV fit to eq 36. 

c e d ~ r e ~ ~ ~ ~ ~  was used to fit eq 36 to the kinetic data collected in 
phosphate buffer where both total phosphate, [HA],, and -log 
[H+] were varied (Table 111). A pK, value of 6.80 was used for 
H2P04-, and the fit of eq 36 is shown in Figure 4, where kH2p04 
= 1.7 ( f0 .6 )  X IO8  M-' s-l. There is a considerable amount of 
scatter in the data, and eq 36 fits only slightly better than a linear 
relationship between k ,  and the H2P04-  concentration. The in- 
tercept when [HA] = 0 corresponds to kHOa(eq 26) = 1.4 X lo8 

In acetate buffer the maximum contribution of the kH[H+]  term 
is small (14% of the ko term in the numerator and 5% of the k-l + ko term in the denominator of eq 35). Again the data are 
somewhat scattered and the intercept for [HA] = 0 is a little low, 
but the value obtained for kHOAc is 2.1 (f0.9) X lo8 M-' s-I. 

Br~nsted Relationship for the Reaction of Hocl  and I- with HA. 
Determination of the Brernsted a value for this reaction allows 
comparisons to other general-acid-assisted reactions. The a value 
reflects the sensitivity of the rate to the strength of the general 
acid. Therefore, it describes the degree of proton transfer from 
the general acid to the substrate in the transition state (1).26 In 
order to make this comparison, the transition state is considered 
to be the species where H +  is transferred from H A  to HOCII- 
as the 0-C1 bond is broken and IC1 is liberated. In the present 
case, third-order rate constants are obtained through the use of 
eq 37, where kHA' is the third-order rate constant (Table Iv) that 

M-I s-I 

(37)  
kl 

kHA' = - k_,  + kOkHA 

k n i  
HA + HOC1 + I- - A- + HzO + IC1 (38) 

describes the reaction in eq 38 (shown in 1). The values are kHzP04/ 

3.5 X I O "  M-2 SKI. The magnitude of the value for the proton- 
assisted (H,O+) path is larger than is possible for a three-body 
reaction and dictates that two of the three molecules must form 
an association complex before the reaction can actually take place. 
It has already been assumed that H O W -  is the association 
complex that is formed. An alternative assumption that an ap- 
preciable amount of H20C1+ exists in this pH range is not valid. 
The pKa value for H20CI+ is reported to be between -4 and -3.27 
There cannot be an appreciable concentration of H20C1+ at any 
acidity in water. 

The Brernsted relationship28 is given by the expression in eq 39, 
where p is the number of equivalent acidic protons in HA, q is 

= 2.6 X 1O'O M-2 s- I ,  kHOAc/ = 3.2 x 10" M-2 S-I, and kH,O' = 

(26) Espenson, J. H. Chemical Kinetics and Reaction Mechanisms; 
McGraw-Hill: New York, 1981; p 200. 

(27) Arotski, J.; Symons, M. C. R. Q. Rev., Chem. Soc. 1962, 16, 282-297. 
(28) Bell, R. P. The Proton in Chemistry, 2nd ed.; Cornell University Press: 

Ithaca, NY. 1973; p 198. 

1% 1% 
HA P 4 PK, h',' M-* s-' (ksiA'/P) ( K , q / p )  

H30C 3 2 -1.74 3.5 X 10" 1 1.07 1.92 
HOAc 1 2 4.56 3.2 X 1Olo 10.51 -4.26 
H2PO; 2 3 6.80 2.6 X 1O'O 10.12 -6.62 

2 3 15.52 2.50 X lo6' 6.10 -15.34 H20 

M). 
' / (HA'  = klkHA/(k-l + ko). bkHzO = kHwI/[H20] ([H,O] = 55.5 

Table VI. ComDarison of Bransted a Values 
pK, of the 

reacn protonated C1 species a ref 
HA + OC1- + 1- 7.44 0.75 a 

0.65 a HA + NH&I + I' 
HA + NHCli + I- 1.-2.5" 0.48 a 

0.11 C HA + HOC1 + I- 
HA + HOC1 + Br- -4 to -36 0.27 d 

Reference 1.  *Reference 27. 'This work. dReference 5. 

1.5 

-4 to -36 

- 7  s t  i. , , ,  , ,  , j 
5 
-16  -12 -8 - 4  0 4 

log (K.q/p) 

Figure 5. Bransted plot for the general-acid-assisted reaction between 
HOCl and I-. The point for kHZO (0) was not used in the calculation of 
the linear parameters. The LY value determined by linear regression is 
0.11. 

the number of equivalent basic sites in A-, and GA is a propor- 
tionality constant. A plot of log (kHA'/P) vs log (K ,q /p )  should 

(39) 

give a line with a slope equivalent to the a value. The data used 
are in Table V, and the plot is shown in Figure 5 ,  where the a 
value is determined to be 0.1 1 f 0.01. The kHzO point was not 
used in the calculation of a since it obviously does not fit the trend 
shown in the other three points. It is not clear that H 2 0  actually 
acts as an acid in these reactions, and this may be the reason it 
does not fit the Brmsted relationship. 

Comparisons to Previously Reported Kinetic Data. Table VI 
lists several general-acid-assisted reactions, the pKa values for the 
protonated chlorine species, and the experimental Brernsted a 
values. For the four reactions listed that involve iodide and a 
reducible chlorine species, the a values decrease as the pKa values 
decrease. The higher the a value, the greater the degree of proton 
transfer in the transition state. It follows that as the chlorine 
species becomes less basic it has less need for a proton in the 
transition state, and the a value decreases. 

A direct comparison of the a values for the reaction of HOCl 
and H A  with I- and Br- (Table VI) shows that the degree of 
proton transfer in the transition state (1) for the I- reaction is less 
than in the reaction with Br-. Iodide is a better nucleophile than 
bromide. Therefore, the I-C1 bond is more easily formed than 
the Br-CI bond and requires less assistance from the proton of 
HA.  

The rates of reaction of hypochlorous acid with halides can be 
compared (Table VII). The rates of the reactions between HOCI, 
H+, and the halides are seen to follow a trend (Cl- < Br- << I-). 
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Table VII. Comparison of Reaction Rate Constants and the Free 
Energy Change for Reactions between Hypochlorous Acid and 
Halides 

AG01eac,, 
reacn k ,  M-2 kJ mo1-I 

H+ + HOCl + CI- - C12 + H 2 0  

Ht + HOCl + I - +  IC1 + H2O 

2.8 X IO4' -19.0 
1.3 X -54c 
3.5 X 10Ild -120.3 

H+ + HOCl + Br- - BrCl + H 2 0  

"Margerum, D. W.; Gray, E. T., Jr.; Huffman, R. P. In Organo- 
metals and Organometalloids, Occurrence and Fate in the Environ- 
ment; Brinckman, F. E., Bellama, J. M., Eds.; ACS Symposium Series 
82; American Chemical Society: Washington, DC, 1978; pp 278-291. 
bReference 5. cAGo for BrCl(g) used in calculation. dThis work. 

i 

0 
0 5 10 I S  20 25 

log K 

Figure 6. Linear free energy relationship for the reaction of HOCl and 
H+ with C1-, Br-, and I-. Parameters obtained by least-squares linear 
regression: log k(H,O)' = 2.8 + 0.41 log K. 

Not only does the nucleophilicity of the halides increase along 
the series but AGo,,,, also becomes more favorable. These three 
sets of data have a linear free energy relationship as shown in 
Figure 6, which is a plot of eq 40 for the reaction H+ + HOCl 

(40) log k = 2.8 + 0.41 log K 

+ X-. It is interesting that the slope is 0.41 (f0.05), because a 
Marcus-type free energy correlation would predict a slope of 0.5 
for an outer-sphere electron transferz9 and a smaller slope for 
strong-overlap inner-sphere electron t r a n ~ f e r . ~ ~ . ~ '  Although we 
have a C1'-transfer reaction rather than a simple electron-transfer 
process, a similar correlation exists. Reactions of 1, and Brz with 
various metal complexes, where the rate-determining step was 
postulated to be a combination of electron transfer and X-X bond 
cleavage (eq 41), also gave linear free energy relationships with 
slopes of 0.43 ( f0 .02)  for I, and 0.45 (f0.07) for Brz.3z 

M"LX2 - M"'L(X-) + X' 

Reaction of Trichloramine and Iodide. A major obstacle in the 
study of iodide reactions with NC13 is the presence of HOC1, which 
is normally present a t  3-10% of the NC13 concentration. HOCl 
can interfere because the reactions of iodide with NCl, and HOCl 
are both on the P A F  time scale and both lead to the formation 
of 13-. Our preliminary experiments showed that the reaction of 
NC13 and I- is not as fast as that of HOCl and I-. Also, even at  
relatively large I- concentrations (2.5 X M) the pseudo- 
first-order rate constants for NC13 + I- remain almost constant, 
with a maximum value of 13 900 s-l (Table VIII). 

As the P A F  method employs integrating observation, the ob- 
served signal for two parallel reactions is a complex sum of both. 
We tested the effect of HOCl on the rate of the NCl, + I- reaction 
by determining the amount of HOCl present (by the Br- method 
described in the Experimental Section) and by adding known 
quantities of HOCl until its concentration was greater than [NCl,] 

(29) Marcus, R. A. Annu. Reu. Phys. Chem. 1964, 15, 155-196. 
(30) Sutin, N.; Gordon, B. M .  J .  Am. Chem. SOC. 1961, 83, 70-73. 
(31) Haim, A.; Sutin, N.  J .  Am. Chem. Soc. 1966,88, 434-440. 
(32) Woodruff, W. H.; Margerum, D. W. Inorg. Chem. 1974, 13, 

2578-2585. 

Table VIII. Kinetic Data for the Reaction of NCI, and I- 
103[1-1, M -1% [H'] 106[HOC1]T, M 10-3k1, s-' 

0.404 2.01' 1.03 10.5 (5) 
0.75 7.08b E 1  12.6 (4 j  
0.965 6.99b E 1  11.7 (2) 
1 .oo 7.0Sb 1.1 13.2 (2) 
1.50 7.09b -1 13.4 (2) 
2.00 7.09b E 1  13.9 (2) 
2.50 7.07b -1 13.9 (2) 

0.965 7.04b 4.56 14.4 (4) 
0.965 7.05b 8.36 15.8 (3) 
0.965 7.05b 12.2 17.8 (3) 
0.965 7.04b 16.1 19.7 (5) 

0.965 4.54c 0.374 13.6 ( 5 )  
0.965 4.58c 3.39 17.0 (4) 
0.965 4.56c 6.42 19.8 ( 5 )  
0.965 4.56c 9.42 25.0 ( 5 )  
0.965 4.55c 12.5 25.9 (8) 

"[NCl,] = 1.0 X 

0.965 7.05b 0.748 12.0 (2) 

11.8 (2)d 

13.3 ( 8 ) d  

[NCI,] = 1.1 X 
M; 0.01 M 

M; 0.973 X lo-' M HC10,. 
M; 0.01 M phosphate buffer. c[NC13] = 1.1 X 

acetate buffer. dExtrapolated value. 

(Table VIII). The k, values increased significantly as [HOC11 
increased, but the values extrapolated to [HOC11 = 0 are within 
the experimental errors of the values determined in experiments 
when no HOCl was added. This test was carried out in 0.965 
X M I- in phosphate buffer a t  a -log [H+] value of 7.04, 
where the HOCl + I- rate is much faster than the NCl, reaction 
with I-. At 0.245 X lo-, M I- we found serious interference in 
the k, values from the HOCl reaction with iodide. 

with the same product (I3-) 
are monitored with the PAF method, the slower reaction will give 
the dominant signal. A rearrangement of eq 12 is given in eq 42, 

If two fast reactions (k > 5000 

where h A o b s d  is the absorbance range observed as the flow is 
accelerated from 3 to 12.5 m s-', Av is the change in velocity (m 
s-l), b is the reaction path length, and AAT is the total absorbance 
change for the reaction (A, - Am). If Av and AAT are held 
constant, b i o b s d  is inversely proportional to the reaction rate 
constant. In our case, NCl, + I- is the slower reaction and 
accounts for the dominant component of the observed absorbance 
change. 

There are three ways to avoid interference due to a faster 
reaction. First, choose a set of conditions where one reaction is 
too fast to be measured by the PAF method (k, >> 200 000 s-I). 
The contribution to U o b s d  will then be negligible. Second, the 
concentration of the reactant responsible for the faster reaction 
can be minimized so that the contribution to AAT will be very 
small and h A o b s d  is again negligible. Finally, the above two 
approaches can be combined. We have chosen this third approach 
to acquire reliable kinetic data for NCl, + I-. The relationship 
in eq 43 follows from eq 42, and to keep the contribution of the 
undesired hAobdHoC'  to less than 1% of the signal the conditions 
in eq 44 must be met. 

[NCl,] krHoCi 
[ HOC11 k,NCh 

> 100 -~ (44) 

A test for a -log [H+] dependence and a buffer dependence 
was made by addition of known amounts of HOCl and extrapo- 
lation of the k,  values to [HOCl] = 0 with an acetate buffer a t  
a -log [H'] value of 4.56 and [I-] = 0.965 X lo-, M. The data 
are listed in Table VIII, and again the extrapolated value agrees 
well with the data obtained a t  a -log [H+] value of 6.99 in 
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mechanism. The fit of the model to the data can be seen in Figure 
7. A simplex optimization was employed, and the 
value for K ,  was found to be 6 ( f2)  X lo3 M-I, and the value 
for kz is 1.5 (fO.l) X lo4 S K I .  

The formation of an association complex of the form NCIJ 
is only one way to arrive at  a mechanism that follows saturation 
kinetics, but two other possibilities can easily be eliminated. The 
rapid preequilibrium cannot be due to the hydrolysis of NCl, (eq 
48), because the rate of the forward reaction is extremely slow 

(48) NC13 + H2O F? NHCl2 + HOCl 

(1.6 X 10" s-~).~ The equilibrium constant9 has been reported 
to be 6.25 X 10+ M, which is much too small to play an important 
role in the present mechanism. The negligible hydrolysis rate 
constant for NCI, justifies the extrapolation of the k,  value to zero 
in Figure 7, where [I-] = 0. 

Another possibility is that the incoming I- attacks NC13 at  the 
nitrogen, as described in eq 49. The reaction of NCl, + I- was 

NCl, + I- F? NC121 + C1- (49) 

followed in the presence of 0.5 M C1-, where the product is a 
mixture of I,- and 12C1-, and the rate a t  [I-] = 1.00 X lo-, M 
and -log [H+] = 7.05 was 13.3 (f0.3) X lo3  s-l, in excellent 
agreement with other values at  similar conditions with no excess 
C1- present, as seen in Table VIII. The presence of excess C1- 
would have slowed the rate considerably had the equilibrium in 
eq 49 been active. 

Still, the method of choice would be to follow directly the loss 
of NCl, or, in the UV region, of NClJ. The reaction could be 
monitored a t  different wavelengths, but since the spectrum of 
NC1,I- is unknown, we do not know what the observed absorbance 
change will mean. In addition, the absorbance of I- at  low 
wavelengths and of I,- at longer wavelengths would interfere. 

The fact that the reaction of NCl, and I- does not follow the 
general-acid-assisted mechanism indicates that NC13 is a very poor 
base. The protonation constant of NC13 has not been determined, 
but it must be less than the value estimated for NHCI,, which 
is -2.5.' Neither NC1, nor NCI,I- appears to accept a proton until 
IC1 dissociates, which leaves NCl;, an excellent base. The cy value 
for this reaction is zero, because a proton is not involved in the 
transition state. 
Conclusions 

In the reaction of iodide with HOCl and with NCl,, kinetic 
saturation effects lead to two postulated intermediates, HOClI- 
and NCl,I-, with association constants of 220 and 6000 MY], 
respectively. The larger value for I- association with NCl, is 
consistent with the greater polarizability of this molecule compared 
to that of the HOCl molecule. The rate of loss of IC1 from H O C K  
is 60 times greater than the corresponding reaction of NCIJ. The 
latter reaction does not appear to be assisted by acid even in 
M HClO,, while the breakup of HOClI- is strongly acid-assisted. 
There is still much to learn about these fast reactions. The PAF 
method permits the first views of their reaction pathways. We  
have attempted to present some of the abilities and limitations 
of the PAF method when series and parallel reactions are en- 
countered. 
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Figure 7. Plot of pseudo-first-order rate constants vs [I-], the excess 
reagent, for the reaction of NCI, and I-. The curve was calculated 
through the use of eq 47, where K ,  = 6 X lo3 M-' and k2 = 1.5 X lo4 
S-', 

phosphate buffer. This agreement means that there is no buffer 
dependence nor is there a hydrogen ion effect on this rate. 

Examination of the rate constants for the HOCl + I- reaction 
in acidic solutions shows that at  [H+] = M the rate is greater 
than 80000 s-' with [I-] > 0.2 X lo-, M because of the 
H,O+-catalyzed path. Reliable data are obtained for the NCI, 
+ I- reaction in 0.01 M H+, where eq 44 will be satisfied. At 
this acid concentration one of the products of the reaction, NHC12, 
will react with iodide in the time required to determine A ,  for 
the reaction. The NH2C1 formed by the second reaction will also 
react with iodide in this time span. Neither of these reactions 
is fast enough to interfere with the A,  measurement in the PAF 
observation tube. However, they do interfere with the A ,  mea- 
surement because it is taken after several seconds. Hence, the 
only way to obtain AmNC13 is by calculation. The concentration 
of NCI, was determined with the molar absorptivity value of 195 
M-' ~ 1 7 1 - l . ~ ~  Previous determinations of the stoichiometry of the 
reaction of NCl, + I- indicated that 0.8 I2 molecule is formed 
for each NCl, consumed.] This assumption was used, along with 
the PAF path length and the molar absorptivity for I< at  353 nm 
and the equilibrium constant in eq 6, to calculate AmNC1,. Addition 
of this value to AmHoC1 gives Amreac", the true A ,  value for the 
reaction of interest. The value calculated in this manner was used 
in the analysis of the data point at a -log [H'] value of 2.01 (Table 
VIII) .  

The mechanism we propose is described by eq 45, 46, 5, and 
6, where an association complex, NClJ, is formed. We propose 

KI 
NCl, + I- NC1,I- (45) 

H 2 0  + NC1,I- 3 NHC1, + IC1 + OH- (46) 

the interaction of I- at  one of the chlorine atoms because the 
expansion of the chlorine octet is more easily facilitated than 
expansion around nitrogen. The complex subsequently decomposes 
and 13- is eventually formed. Resolution of values for K1 and k2 
was performed with eq 47, which is derived from the proposed 

(47) k,  = [(Ki[I-I)/( l  + K~[I- l ) lkz 


