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The Isotopic Exchange between Hypohalites and Halide Ions. 11. The Exchange 
between Hypochlorous Acid and Chloride Ions 

BY 11. XNB:IR, S. GUTTILIANN AXD R. RBIN 
RECEIVED JULY 25 ,  19.58 

Tile rate of chloriiic cschaiige between hypochlorite and chloride ions has been investigated in the range of PH 9.Ci-13.7. 
'The reaction wiis found first order in hypochlorite and chloride concentrations and second order in hydrogen ion concentra- 
tion. The chlorine 
exchange proceetls a t  :I slower rate than the chloride catalyzed oxygen exchange between HOC1 and water (Anbar and 
Tciubc'). An intermediate (IIOClC1)- is suggested for the osygen exchange reaction, which may exchange its oxygen with 
ivutcr ivitliout interchanging the clilorines. Cataly- 
si< of  the chlirine e c l i a n g e  by alcoholate ions demonstrates a direct exchange path through the respective liypochlorites. 
I n  contiait to tile behavior of tlie free acid, the chlorine excli:inge hctmeen t-butyl hypochlorite and chloride ions was found 
110th acid antl buje catdyzed, t i l e  acid catalysis being first order in H + and involving most probably t-BuOClH+. 

The rate constxiit for the expression R = k(HOCl)(CI-)(H+) is 3.16 X 1013 I.* mole-* Inin.-' a t  27" .  

T h e  siiiiie intermediate is postu1;ited for the chlorine exchange reaction. 

Introduction 
In our preceding paper' we have dcscribed the 

kinetics of interaction of hypobromous acid with 
broiiiitle ions as compared to the hroniide catalyzed 
oxygen exchange of hypobromous acid. I n  311 

analogous manner we shall follow iii this work the 
chlorine exchange between hypochlorous acid m t l  
its esters with chloride The catslytic effect 
of chloride ions on the rate of the reaction 'was found 
considerably slower than the interaction of broniide 
ions with hypochlorous acid.3 This large dif- 
ference in rates, compared with the fact that  in the 
w s e  of hypobroinous acid the rate of interaction of 
cliloritle ions with hypobromous acid is faster than  
that of broiiiide ion, T Y ~ S  rather ~u rp r i s ing .~  Fur- 
thcr, there wxs an  observation5 that  the rate of 
chloritlc exchange with hypochlorite ion at  0.1 .lI 
sotlitini liydrositle proceeds considerably slox~c~v 
th:m thc chloricle catalyzed oxygen exchange. 
I t  !ins bceii pointed out6 that this rcsult may es- 
c*lutle :I straight. forirard substitution of the oxygen 
I ) ?  the chloritlc ion. This rcsult is also contrary 
tr 1 the fiiitliIigs in the cnsc of h y ~ x ) b r o i ~ i o ~ s  acid I 
\vi i L,r i' 11 r( 11 i 1 i t i  e TKI s foun tl tc) es c h nn gc .f17 .s/w t h:i I i 

t h c c- ti t ;i I y z et1 os ygen e schaii g e . 
?'lit> ptirpow of this w)rk  WLS to e1ucitl:itc the 

iiiechariisIii of ititcrncticin of chlorine ions with hy- 
pichlc roiis acitl by following the rates of chlorine 
cxc1i:irige o\-cr ;in cstciitlctl range of conccritrations 
of the rcngeiils. These ri'sults :ire to be coiiiparcd 
with the kinetics of chlorine exchange hctwceii 
!-butyl Iiypuc!ilorite :xiid cliloritle ioris. 

Experimental 
Tlic cliloritlc-free li~-p(xliluruiis :icitl \v:is preparctl 1 ~ y  ex- 

tr,iction o f  :I ciiliiriiic iiioncisitle solutioii in carbon tet ra-  
clll,lritlc iiito :L i<)tlium li~-clrosidc soluticm. Tile conccntra- 
tion of the srrdiuni li>.tlroxitie w:is fixed so that  the final 
:il!inlinity after extraction would be  in the desired range of 
pII, The chlorine monoxide sulution was prepared hj- 
siiakiiig :L chlorine solritiun in CClr with analytical freshly 
prepared iiicrcuric oxide. C.ire was taken t o  avoid mois- 
ture in the chlorine ant1 in the HgO. Tlie chlorine tnc~nox-  
itle solution was at~alyzcti for free chlorine before use. This 
\VJS d o n e  bl- titrating the iodide released in the presence of 
: in  ;iliquot of stantLirdized acid and then titrating the excess 
of the acid iotliinietrically by adding iodate in excess.' 

(1) AI. Anlxu an< l  I<. Rein,  T H I S  J O U R N 4 L .  81, 1813 ( 1 0 3 9 ) .  
( 2 )  M .  Anbar  and 11. Taube .  ibi.J , 80, 1073 (195s). 
[,i) I,. Farkas, R l .  L e w i n  and  R. Bloch, i b i , f . ,  71, 1988 (1949). 
(-1) H. Taube, Rec.  Chciir. P i o p . ,  17, 2.5 (l(C5G). 
f i) R .  h Silverman and 11. Taube ,  unpubl ished experiments ,  105C. 
( 0 )  H. Taube, A m .  Rev.  .YN:). Sc., 6, 287 (195G!. 
( i )  J.  11. 7 ,  S l ~ i n k s .  l'rrrs J C I I ' R S ~ I . .  53,  301 i  !19R1! 

Stock solutions wcre discarded if the chlorine content es- 
ceeded 5' b of the totnl oxidizing power. The concentration 
of the hypochlorite solutions \vas determined iodometri- 
cally, using standardized sodium thiosulfate 

Radioactive hypochlorous acid was prepared by hydruly- 
sis of radioactive t-butyl h>-poclilorite. Radioactive elilo- 
ride of high specific activity \vas added to  R chloride-frcc 
hypochlorous acid solution, the solution was acidified to  
PH 9, t-butyl alcohol was addcd and the radioactive f- 
butyl hypochlorite formed, was sepnrntetl , vvaslicd antl 
dried.* In more recent experiments the direct exchange be- 
tween &butyl hypocliloritc antl chloride ions was used to  
produce labeled KOCI. Tliis w . 1 ~  achieved by  shaking t -  
butyl hypochlorite with :in acid solution cont;iiriing radio- 
active chloride of high specific activity. 

In the alkalinities under investigation, there is pr'icticxlly 
complete hydrolysis of t-butyl hypochlorite,* thus tlie ester 
could be used as a carrier of chloritle-free hypochlorous acid. 
I t  has been slion-II that  if the h>-pochlnrous acid concentra- 
tion does not exceed 0.1 niolar, there is little effect of tlie 
alc ,1101 foriiied by hydrolysis on tlie r.ite of excliange. 

The anhydrous t-but!-l ~ ~ I c ~ J I ~ I J I  for the l-BuOCl- C1- cs- 
change experiments w;is I)reparctl from conimerci~il purified 
alcohoi. Tlie alcohol \V:IS first fr.ictionated and the fraction 
hoiling in the range of 81-82.5" was separated. Tliis IV:IS 
dried over crystalli~ie wtliuni ;iluininum silicate (Lindc 
hlo1ecul:ir Sieve Type 4:i I and redistilled. Then about 1 g.  
of nii'tallic lithium iv:is :itltlctl antl tlic :ilcoliol was fraction- 
ated ngaiii. The ainount of \r:iter reiiiainiiig WLS i i f  the 
order i j f  1 t j - j  iiiolar (:iixiut 10 p.p.ni.'1. 

'rile chloride solutiiin in abs(ilritc i-13~iOH \v:is prepared 
by disiolvitig analytical lithium ciiltrritle in the alci)hol under  
rcflus and using the s.itiirated siilutiini. Solutions of the 
order o f  lo-? rno1;ir ccrtiltl be (ibt;iine(l. Tliv BuO- S I J ~ U -  
tiirns were oiit:iirietl 1))- tlissolviiig niet,illic litliiiiiii in the  
:iiiii!-drons :ilcnIiol. \\~lieii tile alcoli~il \\-:is ri\-trt~iiicly (Irl- 
solutions of tile oi-tler of I O - '  1niil:ir could be prcp:ircci, 
tliough tr:iccs of nioi~tiire in.itlc tliesi, viliitiiins utlstable :inti 
I,iOlI, possibly tcigetlic,r 11 i t l i  J.iOiiu, \ v x j  ~irecipit:itetl. 
Tlie ,icitl soliition.: i t i  :iljscilute /-I3uC)I I \vert 1)rqxirvil 13). 

preparing a 0.1 iiii~l:ir solutiiiii o f  /,-ti,iiiencsulfoiiic :1cit1 i i i  

I -U~IOII .  Tliis > ~ > l i l t i i J i l ,  i\.liicli ciriit,iiiietl water, \vas fr,ic- 
tiiiii:!te(I i v i t l i  bi.iizciic : i r i t l  iiiiist o f  the \\.:iter 1 ~ 1 s  rcniii\-c.tl 
iii  f<irni of the u tc i t ropc .  ?'hc solution finxll>- c~rii t~ii~ied 
less tli:iii 0.5(,; iwtvr. Tlii.;  s i i l i i t i o i i  I ~ : I S  nirw diluted I v i t l i  
absolute t-BuOII t o  thc  ticsireti range of acidities ( 

Tlivs the 7v:iter \vds diluted to sanie order of 
magnitude as in the lxisic solutions. 

The radioactive chlirrine used, chlorine 36, was used :it 
two levels of specific activities. Piitassiurn chloride36 ob- 
tained from Harwell antl having a specific activity of 1 
microcurie per grain, wis rccrystullizctl. HC136, having :i 
specific activity of about 100 microcuries per gram, was ob- 
tained from The Kadiochernic:il Centre, =Imersham, and 
was used for preparing radioactit-e t-butyl hypochlorite. 
A11 other reagents were of analytic,il grade. 

In the acidity range up t o  PH 12 the  alkalinity was kept 
constant b>- phospliate buffcm antl was determined with an 
alkaline glass electrode using the Beckman Model G PH 
Meter, with an accuracb- of f 0 . 0 5  p H  unit. At higher 

m o h r ) .  
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NO. 

1 .01  
1 .02  
1 .03  
1.04 
1 . 0 5  
1 .06  
1.0T 

1.09 
I .  I O  
1.11  
1 .12  
1 .13  
1 . 1 4  
1 .15  
1 . 1 6  
1 .17  
1.1s 
1 .19  
1 .20  
1 . 2 1  
1 .22  
1.23 

1 . 0 8  

f i H  
9 . 6  
9 . 8  
9 . 9  

10 .2  
10 .5  
10 .6  
10 .7  
1n. 7 
10.8 
10 x 
1 0 . 8  
1 0 . 8  
11 .1  
11 .3  
11 .3  
11 .3  
11 .6  
1 1 . 8  
1 2 . 1  
12 .5  
13 0 
13 .0  
13 3 

EXCIIANGE BETWEEN HYPOCHLOROIJS -\CID .WD CHLI ) R I D E  IONS 

TABLE I 
THE E X C H A N C E  O F  CHLORINE BETWEEN HYPOCHLORITE A N D  ClILORI1)E I O S S  

Phosph. k " /  
buf. t l j 2 ,  k' 1 . 3  mole - 3  

(OCI -1 (C17 mole,'l. min. I. mole-1 min . - '  min. -: 

0.  mi; o.noi;e 0 . 1  8 . 7  23.5 0 . 3 8  
,00043 .0017" . 1  26 12 .5  5 0 
,002 .002€1~ . 1  18 8 . 4  .53 

.21 ,033 . 2  3 0 1 )  96 (1, ni; 
0 91 

.30 .25 . 2  3 I) 42 1 , ii*i 
c) 23 I I ,i,% .ox or, . I  24 

.15 OR . 2  14 , ? I  .S I  

.73 11.5 ,05 4 . S  . 1 !I .;ti 

.G5 , 1 ).i . 8  6 . 1 ;  . i iS  

.37 . 05 . 2  6 . 3  .I '17 1. os 

.47 .os . 2  20.0 .G7 1 . i 1 r i  

.37 .1; . 2  42 ,031 1 24 

.45 . 0.5 . 2  50 ,028 1 .12  

.45 . 0 5  . 2  60 ,023 0 .92  
1 . 2 3  .70 , 0; . 2  120 , . I  x 10-3 

. 3 5  . 20 . 2  312 4 . 0  x 10-3 1 (i0 

.50 .05 . 2  2700 0.4.5 X lW3 0 .  .i; 

.os 1 .on . .  !58;0 0 .12  x 10-3 0 :is 

.05 1 .00  . .  m o o  1 . 2 5  x i n v  1 .?.i 

.05 .i . 00 . .  9900 1 . 4  x 111-3 1.411 
n 5 5.00 . .  35500 0 38 x 1i1- 5 1 .i2 

.47 . o,i . 2  0 . 3  4 .43  1 .  0s 

-- 6 3 .05  . 2  2 . 1  ;I, 

- l  

l S l i  

Kinetics folluwed chloride activity. 

centration determined by dilution analysis. 

Kinctics followed hypochlorite activity by tlic /-I)ut!.l 11! l i o c l i l i r i t c  i i i(.t l i t i t l .  
Kinetics started with ratliriactivc Iiy~J~~cIiloritc. ' C ,  111- Kinetics followed hypochlorite activity by the p-cresol methotl. 

1 k "  = k'/(H')*. 

alkalinities no buffer was used and the OH-  concentration 
was determined by potentiometric titrations. 

The  BuO- concentrations in the t-BuOCI-Cl- exchange 
experiments were determined by potentiometric titrations 
after introducing an aliquot of the alcoholic solution into 
Coo-free distilled water. 

The reaction mixtures cortaining hypochlorite and clilo- 
ride ions in a buffered or unbuffered solution were kept in a 
thermostat a t  27 f 0.2". Xliquots were withdrawn a t  
different time intervals and their activity was dcterniinetl 
by the following methods. 

1. Radioassay of the Hypochlorous Acid up to pH 11.5.- 
An aliquot of 1 ml. was added to  a 5-ml. aqueous suspension 
containing 1 g. of silver phosphate and was mec1i:inically 
shaken. Then the silver chloride and the excess of silver 
phosphate were separated by centrifugation. The solution, 
which was now chloride-free, was acidified t o  PH 8 ant l  f- 
butyl alcohol was added. The t-butyl hypochlorite formed 
was extracted by 2 nil. of toluene and the toluene solution 
was transferred into a 5-ml. volumetric flask and diluted to  
5 ml. An aliquot was taken and introduced into a sciiitilla- 
tion solution which was counted (cf. ref. 1). An aliquot 
was later taken from the scintillation misture, was added to  
an acid iodide solution and titrated with stand;irtlizetl so- 
tliuni thiosulfate. This procedure giving the specific x- 
tivity of the sample was shown to 1-ieltl a 98' ;. couiiting 
efiicieiicy of the radioactivity. bIorcover, the scintillution 
Inistures containing the hypochlorite ester Jrere s1ion.n tu 
remain stable for hours in respect t o  the hypochlorite con- 
tent, thus making the iodometric titrations quite reliable. 
There have been some attempts to  use the reaction o f  hypo- 
chlorous acid with p-cresol for radioassay.' The results are 
satisfactory but ,  as the t-butyl hypochlorite method gives a 
direct measure of the specific activity, the p-cresol method 
was rejected. 

2 .  Radioassay of the Chloride Ion.-The silver chloride- 
silver phosphate mixture obtained by centrifugation (see 
above) was washed with water, then dilute ammonium hy- 
droxide was added. This dissolves the phosphate, as well 
as some silver oxide formed. The remaining silver chloride 
was filtered and the filter paper mounted for counting with a 
Geiger counter. This procedure was improved in later ex- 
periments by separating the silver chloride by centrifuge, 
dissolving it in concentrated ammonium hl-droxide and 
cvaporatirig the solution in a counting dish. \Vhen the t-  

butyl hypocliloritc nicthod  as not applied, silvcr pliilsplinte 
or silver acetate was uscd to prccil~it:itc all tlic cliliiritle niid 
the supernatant was rejected. At liiglier coiicciitr,ttioii of 
chloride, when large ali:~JUlltS of .\gC1 \ v e x  to bc c i ~ u n t d ,  
the silver chloride was dissolved in : I I I ~ I I I ~ J I ~ ~ I ~ I I I  Iij-tlrosiile 
solution and then the solution \\-as ev:iporated it1 .I c(ituitii~g 
dish on a rotatory drycr to  obtain a Ii(iinogeneilu~ layer fllr 
counting. .At higher alkalinity (pH > 1 1 . 3  fornution CJf 
silvcr oxide interfered with tlic qumtitative l~ rcc i~ i i t :~ . t i~~ i i  of 
silver chloride; thus in tl icsc C : I W S ,  I\ liicli wcrv :il,ri ru~i'i 
of higher cliloridc c ~ ~ ~ ~ c c i i t r a t i i ~ i ~ s ,  only ii 1)art (111 - : { I ) '  I of 
tile total clilnritle \ \ a b  precipit;itctl. Tlie prccipit:itiim I V ~ I ~  
dotie by atldiiig :L con,t:int .\.iiluiiie i ~ f  silvcr pcrcl~li)r;~tc 
solution to tlic rcaction niisturc. 

\Yhcii thc conccntrations of ra( l iwct i~-c  cliliiriilc ii-cre 
veryloiv (PI1 >IO), thealiquots of tile rc,iction riii\tiire \\( 're 
qiienched in 0.2 .lI sodium lih-drt Isitle iu l i i t i im ri~ii t~~iii i i ig 
0.01 df cliloritlc as  carrier. I n  tlicsc riiiib tlic clili~ri~lc C O I I -  
centration \vas tlctcrmincd by  tlilutittii :iii,il!.hi>, c i ~ ~ i i ~ ~ : i r i n g  
the specific activities a t  time zero ant1 dt cquilil~riuiii ivitli 
the concentrati(in of HOC1 as  dcteriiiiiictl i ~ ~ ~ l ~ ~ : i ~ c t r i ~ , ~ l I ! ~ ,  
The equilihriurn values of activity for very !iliig r u i i s  \vue 
olitaincd h!. acidif!.ing tlic reactiiJii mixture prii~r t i l  tllc . i i i -  

dition of the silvcr salt. 
The kinetics of chloride c\;cIi:itige I ) v t \ v c c ~ i i  t -I31\0Cl : in t i  

C1- iverc f<illtii\-ed h y  iritriiduciiig :iliquiJts o f  t l i c  rc:ictioti 
misturei into a ktio\vn volume of d v v r  ~ ~ ~ r c l i l i i r ~ ~ t c  ii~lutioii 
in anhydrous acetone. Silver chloride ~~rec i l~ i t .~ t e t l  :i i i t l  it 
wxs centrifuged, ivashed Tvitli dry acetoiic. ccritrifugcil xg:liii 
and then discqlved in concentrated aninioiiiuin li>.droside 
solution and tr:insferretl to  a cuunting diih fijr evaporation, 
.kt chloride concentration below 3 X 111-2  the aliquot i l f  the 
reaction mixture were first mixed with a 5 X 1 0 - 2  molar 
chloride solution in anhydrous t-butyl alcohol and then the 
AgClOa solution was added. There was no induced cs- 
change in this procedure. 

Results 
The rate of chlorine exchange between hypo- 

chlorite and chloride ions was investigated chang- 
ing the chloride concentration 251 IO-fold, the hypo- 
chlorite concentration 1500-fold antl the hy- 
drogen inn concentration 10,000-fold. Over this 
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1 1 1  1 1  I I I  I 1 1 1  I 1 1  i 1 1  i 1 ! I  I i I J  

9.4 10 2 11 D 11.8 12.8 13 G 14.0 PH. 
F ig .  l,-Tlir r:ite I J f  € ~ O C l - C I - ~ s c l i a n g e r e n c t i o n s  as func- 

tii ir :  o f  pEI :  (1) IIOCl-CI- chlorine exchange; ( 2 )  c1- cat- 
:il> z d  os!-gcn exchange with water2; ( 3 )  HOCI-Br- + 

IIOBr + C1- rencti{~ri~ (Ordinate = specific rate 1. mole-' 
niir:,-i), 

Froin Table I it may be seen that the rate of 
exchange is proportional both to hypochlorite and 
to chloride concentration and to the second power 
of hydrogen ion concentration. -Us0 i t  is found a t  
p H  < 13 that there is no substantial effect of the 
buffer concentration, (it should be noted that phos- 
phate buffer is both a general acid and general 
base) (c j ' .  1.10. 1.11, 1.12). On the other hand a 
small negative salt effect may exist (qf. 1.15, 1.1G). 
In the more alkaline region, however, a kind of 
general base catalysis to be described in a fol- 
lowing paragraph is detected. The dependence 
011 the hydrogen ion concentration is clearly demon- 
strated in Fig. I which displays data extending over 
four pH units and over nine orders of magnitude of 

the rate constant k'. Using all our data k "  is 
9.3 =t 2.S X 10'" 1.' mole-: niin.-l. 

The rate Inn., rate = k "  (HA)2iL'C10-)cCl-), 
can be presented in the equivalent forni k'(H+)-  
1 HOC],) (Cl-). Taking the dissociation constant 
( ~ f  hj-pochlorous acid Ka = 3.4 X ( ~ j . ~ )  into 
:iccouiit. E '  becomes 3.16 f O.Oc? X l U 1 3  1 .2  mole-? 
I i i  i n ,  - '. 

The efiect of :-butyl alcohol, ethyl and methyl 
alcohol C J I I  the rate of chlorine exchange, are 
1)rc.scritetl in  T,ihle 11. 

T ~ B L E  I1 
TFiL E F F E C T  OF .\I.CUHOLS O S  THE RATE O F  CHLORIXE E X -  

C H A S G E  

/ O H  -) (KOIIJ  (OCI -1 
? i l l  0 1  0. 05 
2 (12 , 1  0 . 2 '  ,os 
2 03 , l  1" . (1.5 
2 04 , 1 2'" 0: 
2 . 0 5  .1 3' . ( I5  
2.06 . 1 2" 0 5 
2.07  . 5  . .  . 05 
2 .08  , 5  1" .05 
2 09 , 5  2" .05 
2,lO , , 5  1" .05 
2.11 . 5  I d  .05 
2 .12  . 5  2 b  ,05  
a t-BuOH. Dioxane. EtOH. 

k f ,  
(CI-) i .  mule- '  min - 1  

1 . 0  7 . 5  x 10-6 
1 . 0  1 . 1  x 10-5 
1 . 0  1 . 6  x 10-6 
1 . 0  2 . 9  x 10-5 
1 . 0  4 . 4  x 10-5 
1 . 0  7 . 3  X 
1 . 0  2 . 5  x 10-7 
1 . 0  2 . 5  x 10-6 

1 . 0  2 . 6  X 10- 
1 . 0  2 . 6  X 10- 
1 . 0  9.1 x 10-7 

1.0 4 . 5  x 10-5 

MeOH . 
I t  may be seen that  alcohols have a catalytic 

effect on the rate of exchange which is not a solvent 
effect icj'. 2.01, 2.01, 2.OG; 2.09, 2.12). I n  the 
case of i-butyl alcohol the effect can be shown 
to be directly proportional to its concentration and 
inversely proportional to the hydroxyl ion concen- 
tration. 

From the rate coefficients of runs 3.01-3.05 and 
3.07, one can compute the specific rate coefficient 
k for I< = k(I-BuOH)(OCl-)(Cl-); k is found 
1.1 x l e2  molep2 rnin.-' a t  0.1 molar OH- and 
2.3 X 10-6at 0.5 molar OH-. 

Table 111 presents the effect of acetate ion con- 
centration on the rate of chlorine exchange. The 
results of these series were not as reproducible as 
those in unbuffered or in phosphate buffered solu- 
tions, thus they allow us only a qualitative inter- 
pretation. 

T.4BLE 111 
T I i E  EFFECT OF .iCETATE I O S S  OC THE RATE O F  C l i L O R I S E  

EXCHASCE 

3 01 
3 ox 
3 03 
3 04 
3 05 
3 06 
3 07 
3 08 
3 09 
3 10 
3 11 
3 12 
3 13 
3 11 

(OH -) 

0.006 
,006 
. OOG 
,03 
. 03 
.03 
.03 
. 1  
. 1  
. 1  
. 1  
. 1  
. 25  
. 2 5  

(4CO 3 

1 0  
3 0  

0 5  
1 0 
3 0  

331 SaCIOl 
0 5  
3 0 
1 t! 

1 0  

. .  

. .  

. .  

(OCI -1 

0.05 
, 03 
.05 
.05 
. 05 
. 05 
. 05 
.05 
.05 
0 <i 

, 05 
0 5 

.05 

.05 

k, ' , 
(CI -) 1 .  m o l e  - 1  rnin - 1  

1 . 0  4 . 4  x lo-' 
1 .0  2 2 x 10-2 
1 .0  1 . 1  x 10-2 
1.0 s o x 10-5 
1.0 2 . 4  x 10-4 
1 . 0  1.3 x 10-3 
1 . 0  6 . 3  X lo-' 
1 0 5 . 5  x 1 0 6  
1 . 0  4 4 x 10- 
1 . 0  4 . 2  x 10-6 
1 o 4 . 1  x 10-5 
5.0 1 . 7  x 10-5 
,5,0 1 .6  X 10+ 
5.0 6 . 9  X 
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lye  see here a definite catalytic effect of acetate 
ions on the rate of exchange. The effect becomes 
more pronounced with the rise of alkalinity (cf. 
3.02, 3.06; 3.05, 3.10; 3.03, 3.07). The catalytic 
effect of acetate ion is smaller a t  higher chloride 
concentrations (cf. 3.10, 3.12; 3.14). I t  seems that 
a t  higher acetate concentrations there is a decrease 
in the catalytic effect of acetate ions (c f .  3.02, 
3.03; 3.06, 3.07) which cannot be accounted for by 
a simple salt effect (cf. 3.0S, 3.00, 3.1 1). 

The kinetics of t-BuOC1-C1- exchange studied in 
anhydrous t-butyl alcohol are represented in Tables 
IVa-IVc. The reproducibility of these kinetic 
data is limited due to the effect of traces of water 
on the rate of exchange and due to the fact, that  
both butoxide and chloride solutions in the range 
used were oversaturated. Therefore we will con- 
sider these results on a semiquantitative basis only. 

Table IVa represents the effects of t-BuOC1, 
t-BuO- and C1- ions on the rate of chlorice ex- 
change. 

TABLE IVa 
THE EFFECT OF t-BuOC1, c1- AND B U O -  ON THE RATE OF 

CHLORINE EXCHANGE BETWEEN t-BuOCI AND C1- IN AN- 
HYDROUS t - B U O H  

4 11 
4 12 
4 13 
4 14 
4 15 
4 16 
4 17 
4 21 
4.22 
4 23 
4 24 
4 .25  
4 26 
4 31 
4 32 
4 33 
4 34 
4 35 
4 36 
4 41 
4 42 
4 43 
4 41 

(BuO-)  
x 101 

3 . 5  
3 .5  
3 . 5  
3 . 5  
3 . 5  
3 .5  
3 . 5  
2 . 5  
2 . 5  
2 . 5  
2 . 5  
2 . 5  
2 . 5  

50 
25 
1 2 . 5  
5 . 0  
2 . 5  
0 . 5  

. 35  

.23 
,077 
.037 

((213 x 10' 
6 
6 . 1  
6 . 1  
6 
6 
6 . 1  
6 

35 .0  
14 
" 

3.5 
1 . 4  
0 .7  
7 
i 

7 
i 
7 
6 
6 
6 
6 

r 

( BuOCl -) 
x 10' 

25.0 
12 .5  
5 
2 . 5  
1 .0  
0 . 5  
0 . 2 5  
4 
4 
4 
4 
4 
4 
5 
5 
5 
5 
5 
5 
4 
4 
4 
4 

1 1 / , 2 ,  

20 
30 
35 
44 

120 
150 
210 

min. 

11.5  
13.5 
15 
27 
42 
61 
19 
22 
28 
31  
45 

144 
98 

245 
6 i 5  

1240 

A' X 102, 
1. mole- '  

min. -1  

11.2 
1 2 . 5  
17.8 
18 .6  
8 . 3  
7 . 1  
5.3 

15 .5  
2 8 . 5  
42 
31 
31 
21 
31 
26.5 
20.4 
17 
13 
4 
i .  1 
2 . 8  
1 .03  
0 .56  

The consistency within a series of runs performed 
with the same reagent a t  the same time is better 
than that  between different series. 

From series 4.11-4.17 i t  may be seen that the 
exchange does not deviate appreciably from the 
second-order rate law. Thus changing t-BuOC1 
concentration one hundred fold did not affect the 
calculated rate constant by more than a factor 
of two; the same is true of the effect of chloride ion, 
the concentration of which is changed fifty fold. 
As may be seen in series 4.31-4.44, increasing the 
concentration of butoxide ions increases the rate 
of exchange, but  not in a simple manner. Com- 
paring 4.31 with 4.44 we see that changing but- 
oxide concentration by a factor of over one thou- 

sand, induces a rate catalysis by a factor of sixty 
only. On the other hand comparing runs 4.33 
with 4.42 we see a fivefold change in rate following 
a ten-fold change in butoxide concentration ; 
morover comparing 441,  4.42, 4.43, 4.4.1 shows a 
first-order proportionality between the rate of 
exchange and butoxide concentration. I t  should 
be borne in mind that a t  the higher butoxide con- 
centrations we are concerned with saturated or 
nearly saturated solutions of litliiutii butoxide. 
I t  may be suggested that a t  these concentratioris 
most of the butoxide exist in forin of ion pairs, 
thus we obtain a reduced catalytic effect. 

Table IVb demonstrates the effect of water and 
acetate ions on the rate of exchange. 

TABLE IYb 
THE EFFECT OF WATER ASD OF ACETATE Ioss o s  THE RATE 

Ioss  
OF CHLORISE EXCHASCE BETII 'EES ~-BuOCI ASD C1ILC)RIL)E 

(BuO;) (CI-) (BuOC1) (HtOl (.%cO-) t o : .  x 10 x 102 x 10' x 102 x 1 0 - 2  R l l " .  

4 .51  3 . 8  i 5 2G4 . .  3 . 3  
4 .52  3 . 8  7 5 88 . .  0 . 5  
4.53  3.8 7 5 2G . .  i . Y  
4.54  3 . 8  7 5 8.8 . .  9 . 3  
4.55 3 . 8  7 5 2 . 0  . . 12.7  
4.56 3.8 7 5 0 . 9  . .  13 .5  
4 .61  20 4 2  . . .  1 . 4  22 
4 .62  20 4 2  . . .  2 . 8  45 
4.63  20 4 2  . . .  5 . 6  9G 
4 .71  8 6 0 . 8  . , . 1 . 4  5s 
4.72  8 G 0 .8  . . .  2 . 8  10; 
4 .73  8 6 0 . 8  . . .  5.6 115 

From Table Vb it can be seen that water has 
a positive catalytic effect on the rate of exchange 
and that acetate ion has no effect on the rate of 
reaction. The behavior of the t-BuOC1-C1- system 
in the acid region is summarized in Table IVc. 

TABLE IVc 
THE EFFECT OF TOLUENESULFOSIC A C I D  o s  THE RATE OF 

IONS IN ABSOLUTE I-BuOH 
CHLORIXE EXCHANGE BETWEEN t-BuOC1 AND CHLORIDE 

(Hi) (CI-)  (BuOCI) h"(H +) 
x 108 x 102 x IO' l l i 2  li' k"" x 1w 

4 . 8 1  800 6 5 3 2 . 1  2 .03  2.G 
4 .82  500 6 5 G.6 0.93 0.90  1 . 8  
4 .83  240 6 5 14 . 45  .40 1 . 7  
4 .84  200 6 5 9 .G9 .Gf 3 .2  
4 .85  80 6 5 1 6 . 5  .38 .33 4 . 1  
4.86 40 6 5 28 .23 .18  4 . 5  
4 .87  16 6 5 38 .lG4 .11 G.9 
4 . 8 8  8 6 5 65 ,097 ,047 5 9 
4.89  4 6 5 115 ,055 ,005 1 .2  
4 .90  . .  6 5 125 ,050 

k = 3.Gf1.8 X 1P 1 . 2  mole4 min. -1 

non-catalyzed reaction as it appears in run 5.90. 

It can be seen from Table IVc that the chlorine 
exchange is acid catalyzed and that there is a 
first-order dependence on (H+) 

Discussion 
The interaction between hypochlorous acid and 

chloride ions in aqueous solutions may lead to three 

O k "  = k' - ~ ' B ~ o A ;  R'B"OB is the rate constant of the 

R = k(H+)(BuOCI)(Cl-), k = 3.6 X 10Sl.?nlolc-* Inin.-* 
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different results: (1) chlorine may be formed; 
(2) the chlorine atoms may exchange; (3) there may 
be an induced oxygen exchange between hypo- 
chlorous acid and water. In fact the first inter- 
action HOCl + C1- @ C1, + OH- will result in 
a simultaneous chlorine exchange and a chloride 
induced oxygen exchange. Kinetic studies of the 
chloride induced oxygen exchange' and the chlorine 
exchange between hypochlorite and chloride ions 
presented in this paper niay be compared with the 
kinetic study of chlorine hydrolysisg which implies, 
by using the equilibrium constant for the chlorine 
hydrolysis, -O the rate of chlorine formation from 
HCI 4- HOCl. We do see that the above-men- 
tioned three interactions proceed a t  different rates 

(1) The chlorine f o r m a t i ~ n ~ * ' ~ ;  rate = kl(HOCl)(Cl-)- 
(H +) 

( 3 )  The chlorine exchange; rate = kr(HOCl)(Cl-)(H+); 
kz >> ki 

(3) The chloride induced oxygen exchange,; rate = 
k3(HOCl)(Cl-) does not lead to chlorine exchange. 
(Reactions 2 and 3 are compared in Fig. 1.) 

The mechanism of reaction 3 has been discussed 
in a previous paper? and it has been concluded that  
the chlorine atoms in the activated complex (HIO. 
HOCl.Cl-) do not become equivalent whereas 
the oxygens may exchange. Next we have before 
us an activated complex (HjO+.HOC1.C1-) which 
1e:ids to a chlorine exchange." This activated 
complex, having the same composition of the 
activated complex of reaction 1 must behave dif- 
ferently and no free chlorine is formed by its de- 
composition. The difference between the two 
modes of decomposition of two similar activated 
complexes may be due to a different position and 
role of the water molecule. In the case of chlorine 
exchange the water molecule is probably attached 
to the terminal chlorine which subsequently be- 
comes a hypochlorite chlorine 

(IIZ 'OCl*Cl-~II~O) H20 + C1- + *ClOH2+ 

HIO + C1- + Cl*OH + H +  

In the case of chlorine formation the water molecule 
may be attached to the hypochlorous acid end of 
the complex (HpO.HZOCICI-) G? 2Hz0 + Clz. 

The precursor of the (H,0.CICIH20) complex 
is probably the (HOClC1-) ion the role of which in 
hypohalite chemistry has been discussed else- 
where.2 The rate-determining step in this case 
will be therefore a proton transfer to this trihalide- 
like ion. Assuming arbitrarily that  the equilibrium 
constant for the formation of HOClC1- is equal to 
unity, we end up with a rate constant of 3 X lox3 1. 
mole-1 Inin.-' for the proton transfer, which is 
comparable to the value obtained by Eigen for fast 
proton transfer reactions.12 The precursor for the 
formation of the second type activated complex is 
probably the hydrated H?OCl+ which exists only in 

( < I )  13. Shilov and  S. N. Solodushenkov, J. Phys .  Chenz. (LTSSR), 21, 
1159 ( i ! l l7) .  

( I O )  \V 3 i .  I.atimer, "Oxidation Potentials," Prentice-Hall, New 
Y t x k ,  N V , I!l,>2, 1,. 31. 

( I  1) \Vhether uxygcn exchanges simultaneously with chlorine a t  p H  
V : L I I I C S  hclow 9 5 where reaction 3 should dominate  h a s  no t  been iiroveii 
(<I. F i g  1) bccausc 01 experimental l imitat ion>,  but i t  is rn<,>t pr<Bb;ilile 
tiiat this  i h  aclii.tlly t h e  tax. 

(12)  hf. I<igen, Z, p h p t k  r / ~ p ~ ~ T . ,  203, 171; (1954);  ~ i s c .  i ; i i i . i idnj  

.\ftL., 17, 19(1 ( l % l ) ,  

much more acid solutions than those studied 

Comparing the four reactions HOCl + C1-, 
HOCl + Br-, HOBr + C1- and HOBr + Rr- we 
note, that  the HOC1-Br- reaction3 proceeds a t  a 
higher rate than C1- catalysed oxygen exchange. 
Assuming that the rate determining step in the 
chloride catalyzed oxygen exchange is most prob- 
ably the nucleophilic attack on HOClCl- which it- 
self may be formed a t  a much higher rate, there is no 
inconsistency between the HOCI-C1- and HOCl- 
Br- interactions4 It has been suggested that  BrCl 
is formed as intermediate in the HOCI-Rr- rc- 
acti0n.l.l It seems probable that  when a bromide 
ion attacks an HOCl molecule, a HOClBr- is formed, 
this ion is capable of losing its OH- and forming a 
ClBr molecule which hydrolyzes instantly to 
HOBr and C1-. Remembering that  the Br- will 
attack HOCl on the C1 side because this is slightly 
positively polarizedI5 and assuming that the (HO- 
C1Br)- ion is linear in analogy to trihalide ions, 
we may exclude the possibility of releasing a C1- 
ion from the (HOC1Br)- ion in a single step. The 
comparable rates of the HOCl-Rr, HOEr-Br, 
HOBr-Cl- reactions, namely 1.77, i.8 and -1.8 X 
lo6 1. mole-' min.-', respective1y,*m3 may point to a 
similar rate-determining step in the three reactions. 
In  the case of HOC1-C1- interaction to form HO- 
ClCl-, only the original C1- may split off, whereas 
the OH- may interchange with the solvent without 
affecting the polarity of the chlorine bound to i t .  

The catalytic effect of the alcohols may be ex- 
plained by the formation of the corresponding 
esters as intermediates 

fast 
HOCl + RO- If ROCl + OH-; 

by  US.^^^^ 

k 
ROCl + C1- If RO- + C1, 

The RO- group may polarize the ROCl molecule 
suficiently to enable an attack of a chloride ion on 
its chlorine. As the ROCl concentration is pro- 
portional to the first power of hydrogen ion con- 
centration, (ROC1) = K(OCl-) (ROH)(H+), we 
observe a first-order dependence on H +  concentra- 
tion. The different mode of chlorine exchange 
between t-butyl hypochlorite and chloride ions is 
probably due to the polarizing effect of the t- 
butyl group on the chlorine. This chlorine is ac- 
cessible to a nucleophilic reagent, without requiring 
an additional proton. The difference between 
ROCl and HOCl is manifested again by the fact 
that  a nucleophilic reagent like OH- attacks t-  
BuOCl a t  the chlorine end,8 whereas an analogous 
attack on HOCl, which would lead to oxygen ex- 
change, could not be detected.2 

The exchange reaction of t-BuOC1 with C1- 
studied in non-aqueous solutions confirms the dif- 
ference in behavior of ROCl as compared to HOCl. 
We do observe in this system both an acid and a 
base catalysis. The deviations from linearity 
a t  the higher electrolyte concentrations may be 
attributed to the formation of ion pairs. The cata- 

(13) P B. P. D e  l a  Sfare, A. D. Ketley and  C. A. Vernon. J. Cherrz. 

(14) J. 0. Edwards,  Chrm Rrvs. ,  60,  $55 (1052). 
(15) J Jander .  .? ~ J Z O ~ R  al l tern .  Chpin.. 280, 271; (195,5). 

.SOL.  1290 (1954). 
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lytic effect of small amounts of water on the rate 
of exchange, points to an effect of ion pair dis- 
sociation. 

In  the acid region we pick up a reaction path 
involviiig acid catalysis, but we see that  the pres- 
ence of an acid is no prerequisite for the KOC1- 
C1- chlorine exchange, as i t  is in the case of the 
HOC1-C1- exchange. The acid path becomes 
appreciable only a t  acid concentrations above 
molar where we may assume t-BuOCl+ as interine- 
diate. Estimating the dissociation constant of 
t-BuOHCl+ a t  10' we derive a specific rate constant 
for this reaction k = 4x107 1. mole-' min.-l a t  
27". 

In  the basic region we are surprised by the well 
established catalytic effect of t-BuO- concentration 
on the rate of exchange. We suggest three ways 
to explain this effect: one is to assume that  a 
butoxide ion forms a complex with t-BuOC1 which 
facilitates the interaction with C1-. I t  is hard 
however to see, why should (t-BuO)rC1- be more 
liablc to a nucleophilic attack than t-BuOC1; 
if such a complex would be formed, i t  might prob- 
ably suppress the rate of exchange. An alternative 
explanation may be by  the reaction f-BuOC1 + t-BuOLi t-BuOCl+ + tBuO- whereafter 

Li 
t-BuOCl+ - .  is attacked by C1-; t-BuOCl+ _ .  + C1- 

Ll Ll 

t-BuOLi + C1,. This assumption would require 
a second-order effect of LiCl concentration, which 
has not been observed. The third explanation 
may be the effect of BuO- on the availability of 

free C1- ions in our system. If we assume that  the 
LiCl exists in solution in an undissociated form, 
then by the reaction LiCl + BuOLi BuOLi,+ + 
C1- more chloride ions are available for exchange. 
Still there is no evidence available for the existence 
of complexes of the type t-BuOLiz+. We conclude 
that  i t  is hard to offer an explanation for the 
t-BuO- effect. 

The eflect of acetate ions on the rate of chlorine 
exchange is not clear. It is hard to assume acetyl 
hypochlorite as intermediate because its rate of 
formatioil is slower8 than the catalytic effect of 
acetate ions on the chlorine exchange. The pH 
dependence here is not well established, whereas 
the dependence on the chloridc ion conccntration 
points tc competing reactions between AcO- and 
C1- ions. Wc may conclude that the effect of 
acetate ions on the chlorine exchange requires 
further investigation. 

Conclusion 
Our results give mole evidence that the HOCl 

system difiers basically from the HOI3r system. 
Having a much stronger HO-X bond, HOCl fol- 
lows different mechanisms of interaction with 
nucleophilic reagents the HOCl molecule requires 
occasioiially an additional proton to make its 
chlorine accessible. Next it has been shown 
that  the trihalide like ions HOX-2 or HOXY- 
may occasionally occur as intermediates in HOX 
reactions. 
REHOVOTH, ISRAEL 
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The system NaF-HF-H20 has been studied at 0 and -15". The solid phases include SaF .€ IF ,  SaF.2HF, NaF.3IIP' 
and NaF.4HF at both temperatures. NaF  exists in the 0' case and presumably at - I so .  

Introduction 
Ternary systenis involving an inorganic fluoride, 

hydrogen fluoride and water have been studied by 
relatively few workers. Tananaev has investi- 
gated systems involving hydrogen fluoride, water 
and lithium fluoride,2 potassium fluoride, zir- 
conium(1V) fluoride4 and iron(II1) f l ~ o r i d e . ~  
Clarks has listed some data on the solubility of 
sodium fluoride in various concentrations of 
aqueous hydrogen fluoride. 

Our interest in the ternary system sodium fluo- 
ride-hydrogen fluoride-water (NaF-HF-H20) was 
stimulated by the lack of complete data for this 
system and the disagreement in the literature con- 

(1) Presented a t  t h e  133rd National  Meet ing of t h e  American 

(2) I. V. Tananaev ,  Kkirri. K e d k i k h .  Elctrit.,ilui,. d k a d .  S n i i k .  S.S. 

(3) I. V. Tananaev .  J. APPI. Chew. (U.S.S.K. ) ,  11, 214 (IW49). 
(4) I. V. Tananaev .  N. S. Nikolaev and  Y. A. Burlaev,  Z/ f r t r ,  

( 5 )  I. V. Tananaev .  J .  A p p l .  Chem. ( U . S . S . R . ) ,  19, 1018 (1946). 
(6) George L. C la rk ,  THIS JOURNAL, 41, 1477 (1919). 

Chemical Society, San  Francisco, California. 

S . K .  Z i i s l .  0bsht . i .  .\-coI-~. Kl i iv i . ,  1, 33 (1954). 

Seorg.  Khim. ,  1, 274 (1956). 

cerning the fluorides in this system. Siiiions7 
states that, with aqueous or anhydrous HF, the 
acid salt Tu'aF.HF results and is the only acid 
fluoride of sodium known. According to Jache and 
Cady,s the analysis of the solid phase in equilibrium 
with H F  saturated with NaF indicated the presence 
of 1 mole of NaF to 4.10 of H F  a t  -24.3". Tana- 
naevg has also studied part of this system but his 
results seem not to have been noted by later 
workers. 

R'e have studied this system a t  0 and -15" 
using the Schreinemakers wet residue method.1° 

Experimental 
Samples were made up from reagent grade NaF arid 

aqueous H F .  IYhen HF of concentration greater than 48% 
was needed it was made up from mixtures of anhydrous IIF 

(7) J .  H. Simipns, "Fluorine Chemistr)-," 1.01. I ,  Academic Press, 

(8) A. W. Jache and G. 11, Cady ,  J. Phys .  (,.iie?,r,, 66, 1101'~ (19>2) 
(9) I .  V Tananaev ,  J .  Geir. Chrrii. (C..S'.S.K.), 11, 2fj7 (1941). 
( I O )  F. E. Purdon and 1:. W. Slater .  "Aqueous Solution and t h e  

Inc  , S e w  I'ork, N. T., 19.50, p. 27. 

Phase Diagram,"  Arnold and Co., London, l ! H G .  


