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boron. It is proposed that a similar steric inter-
action toward the N,O, group prevents the forma-
tion of stable adducts with these amines. Small
amounts of the alkyl ammonium nitrites are ob-
tained instead.

Some definite trends in the stability of the amine-
nitric oxide products have been noted. The am-
monium salts of the straight chain primary amines
show a stepwise increase in stability from methyl-
amine through »-butylamine. The #»-amylamine
product is comparable in stability to that of niethyl-
amine, Isopropylamine and cyclohexylamine form
compounds which are more stable than those of
the straight chain primary amines. The stability
difference of the sec-butylamine and isopropyl-
amine product is surprising.

The nitric oxide products of symmetrical,
straight chain secondary amines exhibit a steady
increase in stability from the diethylamine through
the di-n-hexylamine products; relatively, the latter
two members of the series are very stable. Two
branched-chain analogs, diisopropylamine and di-
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sec-butylamine do not form product but give
very low yields of the alkylammonium nitrites.

These observations on ‘‘stabilities’” are purely
qualitative and are based upon visual observation
of the ease of decomposition of the material. It
has not been possible to correlate all of the ‘‘sta-
bilities”” described above with any single property
of the amine donor. The basicity of the amine,
crystal lattice effects, steric effects and volatility
of the amine are all important considerations.
With few exceptions, the stability of the products
parallel the basicity of the amines as measured
by the heat of formation of the trimethylboron
adducts. Tlere are some exceptions to this general
tule in instances where one or more of the above
factors become controlling.

Acknowledgments.—The authors would like to
express their thanks to the Department of the
Army Ordnance Corps for the financial support of
the research under Contract No. DA-11-022-ORD
2772.

[CONTRIBUTION FROM THE ScHOOL OF CHEMISTRY, GEORGIA INSTITUTE OF TECHNOLOGY, ATLANTA, GEORGIA]
Stability of the Chloro-complexes of Iodine in Aqueous Solution!

By D. L. Casox aND H. M. NEUMANN?
RECEIVED AUGUsT 26, 1960

Spectrophotometric measurements have been used to study the stability in aqueous solution of the chloro-complexcs of
iodine in the (0), (I) and (1II) oxidation states. The ion I,Cl™ is characterized by absorption maxima at 248 and 437 mu.
Qualitative observations were made on the conditions necessary for disproportionation of I,Cl1~ to I~ and ICl;~ and for the
air oxidation of 1,Cl1~ to ICl,~. The dissociation constant for I,Cl1~ was determined by a spectrophotometric method, and
the value so obtained was compared with the variety of values in the literature. The most probable value is 0.60. The
ion ICl,~ is characterized by absorption maxima at 224 and 343 mu, and the spectral data on its dissociation are consistent

with the work of Faull.
KIO; and HCI.
IO3—.

The existence of chloro-complexes of iodine in
the (0), (I) and (III) oxidation states has been
well established. However, there are a number of
conflicting statements in the literature as to the
stability of these complexes in aqueous solution.
The purpose of this work is to determine the condi-
tions under which these complexes exist in aqueous
solution. It was hoped that this evidence would
aid in interpreting the behavior of astatine in
chloride solutions. Evidence for the existence of
a chloro-complex of astatine has been presented,?
but it has been difficult to make arguments about
the oxidation state without further information
about the behavior of iodine.

The work reported here has established the nature
and amount of the iodine species in chloride solu-
tions where the iodine concentration is in the range
1075 to 10-2 M. In addition to the experimental
work, which has principally involved spectrophoto-
metric measurements, the earlier data in the liter-
ature has been evaluated.

Experimental

Materials.—A sample of commercial iodine was ground
into powder aud treated with successive portions of water to

(1) Taken in part from a thesis submitted by Dennis Lamar Cason in
partial fulfillment of the requirements for the M.S. degree, June 1959,

(2) Requests for reprints should be addressed to this author.

(3) H. M. Neumann, J, Inorg. Nuclear Chem., 4, 349 (1957).

Spectral evidence for ICl;~ could not be found, either in solutions prepared from ICl; or from KI,
Solutions equivalent to iodine (I1I) in terms of oxidation were found to be equimolar mixtures of ICl;~ and

dissolve salts.
sublimation.

lodine monochloride was made by treating the purified
iodine with condensed chlorine according to the method of
Comnog and Karges.* It was purified by two or three re-
crystallizations.

A modification of the method of Booth and Morris® was
used for the preparation of iodine trichloride. Small
amounts of liquid ICl were added, a drop or two at a tinte,
to condensed chlorine. After all the ICl was added, most of
the excess chlorine was allowed to evaporate from the solid
ICl;. When solutions of ICl; were desired somne ICl;
crystals would be shaken out onto a piece of paper, allowed
to stand for a few seconds to let the excess Cl» escape and
then added to the solvent without further delay.

All other chemicals were commercial materials of reagent
grade. The concentrations of stock solutions were deter-
mined by the standard iodometric method.

Spectral Measurements.—The absorption spectra were
determined with either a Beckman Model DU spectropho-
tometer or a Beckman Model DK-1 spectrophotometer.
Most of the measureinents were made with matched, fused
silica cells having a light path of 1.000 £ 0.003 cm. A
water jacket was used to keep the cells at a constant tem-
perature of 25.0 == 0.5°. Even though the cells were
cleaned repeatedly, fluctuations in readings occasionally
appeared due to impurities in the cells. This difficulty with
iodine solutions has been observed and discussed by other
workers.®

It was then thoroughly dried and purified by

(4) J. Cornog and R. A. Karges, “"Inorganic Syntheses,’* Vol 1,
McGraw—Hill Book Co., New York, N, Y., 1939, p. 165.

(5) H.S. Booth and W. C. Morris, ibid,, p. 167.

(6) J. H. Wolfenden, Anal, Chem., 29, 1098 (1937).
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The data are expressed in terms of the absorbancy, 4, of a
particular solution or in terms of the molar absorbancy index,
a, of a particular species. For a solution containing a single
absorbing species these will be related by the equation, 4 =
a ¢ I, where ¢ is the molar concentration of the species and /
is the cell thickness in cm.

Dissociation Constant Experiments.—For the equilibrium

1,C1~(aq.) = Li(aq.) + C1~ (aq.)
the dissociation constant is given by

_ [L]IC7]
K= [1.C17]

if activity coefficients are ignored or by

(L] [Cl17)y1, yor- _ (1] [C17]

Ko = = LCE

F =KF
[1:Cl 7]y ner

if they are not.
For absorption at a wave length where I,C1™ and I, are
the only absorbing species

A = (aer1.C17) + agll))

To determine the dissociation constant, a series of experi-
ments is performed in which the stoichiometric concentra-
tion of iodine is fixed at ¢y, 2.e., co = [Iz] + [I2C17], but in
which [C17] is varied. Letting A1, = a1l and Ao =
arcl- Col, appropriate substitution and manipulation give
Kuld — A1)

F[Cl7]
If Ay, is known and F can be estimated reasonably well, 4
can be plotted versus (4 — A1,)/F{C17]. The slope of such
a plot will be — K,, and the intercept ou the 4-axis will be
Ai1.c1-. Thus, in addition to providing a determination of
K., the spectrum of I,Cl~ can be reconstructed. The
method used in estimating F will be discussed in the section
on the solubility of Is.

One series of measurements was made in the visible region,
using the DU spectrophotometer and the one cm. cells. In
this series the slit width was kept constant at any one wave
length so that the readings would be comparable.

A second series was made in the ultraviolet region, using
the DK spectrophotometer and 1 em. cells containing 0.9
cm, silica plugs to reduce the light path to 0.1 em. In the
latter series dust impurities were particularly troublesome.
After a thorough initial cleansing the cells and plugs were
kept iinmersed in a 6 M HCI solution when not in use,
Rubber gloves were worn during handling operations.

The spectra were recorded immediately after filling the
cells and then periodically during the next 30 minutes. The
data were considered invalid if the spectrum changed by
more than a few per cent, during this time interval.

Results
Spectral Characteristics.—Table I records the
values of Amax and amsx determined for species of
interest in this study. Comparison with values
previously reported in the literature have been
made where possible.

4 = Anor- —

TaBLE ]
Species Amax Crnax Ref.
ICL,~ 343 243 This work
343 275 @
224 47,000 This work
I,Cl1~ 437 1,100 This work
247 e b
248 55,000 This work
I, 460 728 This work
460 746 ¢
270 121 ¢
2 Ref. 33. *L. I. Katzin, J. Chem. Phys., 20, 1165

(1952). ¢ A. D. Awtry and R. E. Connick, J. Am. Chem.
Soc., 73, 1842(1951).

Todine(0).—When solid I is dissolved in hydro-
chloric acid thei odinei n solutioni s present ini-
tially as I, and I,Cl—, and the spectral characteristics
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are those of the mixture. If the solution is allowed
to stand the absorption maximum at about 440
mu drops and a new peak rises near 340 muy.
The titer of the solution, as determined by iodo-
metric titration, changes at the same time; when
the 440 mu peak has entirely disappeared, the titer
has doubled its original value. Trial runs with
various concentrations of HCl in the range 1-12
M showed that the rate of disappearance of I, was
strongly dependent on the acidity, and incidentally
also on the volume of air in the closed flask. These
facts suggest that the reaction is air oxidation to
IC1,~. From the practical point of view it was
observed that the spectrum of a 3 M HCI solution
only changes 109, over a period of 11 days, so
that it is feasible to make stock solutions at this
or lower acidities.

Both the ultraviolet and visible peaks of solu-
tions of I, in 3 M HC1 were found to deviate
from Beer's law at sufficiently low iodine con-
centrations. The visible peak adhered satis-
factorily to the law for iodine concentrations greater
than 10~ formal. Solutions about 10~ formal in
I, have a peak in the ultraviolet at 248 mu (I,C17)
with a hump on the short wave length side sug-
gesting the presence of some ICl,~. This spec-
trum may be observed within minutes after prepa-
ration of the solution, and it does not change with
time. The spectrum is the same in both 3 A/
HCl and 3 M KCl. When the iodine concentra-
tion is reduced further, the peak appears at 224
my with a hump at 248 mu. These effects provide
evidence of the disproportionation reaction

L,Cl~ 4 Cl7 = ICl,~ + I~

Dissociation Constant of I,Cl— by Spectral
Method —Several conflicting values of the dissocia-
tion constant of I,Cl~ have been reported, so that
an independent measurement and a re-evaluation
of previous results seemed in order. The principle
of the spectral method has been outlined in the
experimental section. Measurements were made
in the region of both the ultraviolet and visible
peaks, using HCI solutions in the concentration
range 0.1-6 3. The iodine concentrations were
compromise values; large enough to keep the
extent of disproportionation small but small
enough to give reasonable absorbancy readings
with the cells available. Figure 1 shows the
spectra obtained in the visible region for a series
of solutions in which the stoichiometric iodine
concentration, Gy, is 9.33 X 10~% formal and the
light path is 1 cm. Determination of the dissocia-
tion constant from data in this region has the ad-
vantage that species which might be present as
minor constituents, such as I—, I;~, ICl,~ or HOI,
do not absorb strongly in this region; but has the
disadvantage that the spectra of I,C1~ and I,
overlap to a considerable extent. Figure 2 shows
the spectra obtained in the ultraviolet region for
a series of solutions in which C; is 2.60 X 10—
formal and the light path is 0.1 cm. In this
region the absorption by I,Cl— is considerably
greater than that by I,, which is a favorable cir-
cumstance; but the possible minor constituents
absorb strongly.
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I'ig. 1.—Spectra in the visible region. Curves, from top to
bottom at 440 my, are: reconstructed spectrum of I,Cl-,
spectra in 5.7, 3.07, 1.23, 0.75, 0.31, 0.20, 0.098 3 HCI
and in 0.12 M HCIO,.
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Fig. 2.—Spectra in the ultraviolet region. Curves, from
top to bottom at 250 muy, are: reconstructed spectrum of
1.Cl™, spectra in 2.90, 2.45, 2.02, 1.55, 1.12, 0.94. 0.75, 0.57,
0.39, 0.20 4 HCl and in 0.10 M4 HCIO,.

In order to provide information on how the spec-
trum of iodine is affected by acidity, the spectra of
1.15 X 10~*formal solutions of I, in 0.1-1 3 HCIO,
were examined, using 1 cm. cells. A lower I,
concentration was used in the HCIO, experiments
than in the HCl experiments to make the spectra
miore comparable from the point of view of pos-
sible disproportionation, since [I,] is less than ¢
in the HCI solutions. In the visible region the
spectra of the HCIO, solutions were nearly identi-
cal. There was, however, a small increase (109,
at most) in absorbance with increasing acidity
in the region of 52() mu. This observation sug-
gests that a small fraction of the I, may exist in
a non-solvated condition’ in HClQ, solutions.

The spectra of these solutions are sufficiently
alike so that any one of them could be used to
give 11, for the determiination of the dissociation
constant. The curve shown in Fig. 1 is for a (.12
M HCIO; solution, corrected for the difference in
co. The presence of an isosbestic point at 470 mu
is strong evidence for only two major forms of
iodine in these solutions. In Fig. 3 are shown plots

7) J. G. Bower and R. 1,. Scott, J. Awm. Chem. Soc., 75, 3583
{1353).
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0.1 0.2 0.3 0.4 0.5
(4 — An)/FICI7].
Fig. 3.—Determination of the dissociation constant for

I,Cl~ from data in the visible region; data for wave lengths
of 440, 420, 410 and 400 my.

of 4 vs. (4 — 41,)/F[Cl~] for selected wave-
lengths. The slope which best satisfies all of the
data is — 0.60. The intercepts from plots such as
these give the reconstructed spectrum of I,Cl—
shown in Fig. 1.

The spectra of the HCIOs solutions showed
greater variability among themselves in the ultra-
violet region, but this was chiefly in the region
around 260 mu where the absorption is small
compared to that of I,Cl=. This is apparent in
Fig. 3 where the spectrum in 0.1 M HCIOy, ap-
propriately corrected for iodine concentration,
is shown. It is clear that there is no real isosbestic
point; the minor constituents I~ and IC1,~ are
contributing to the observed spectra in the HCI
solutions. Figure 4 shows the plots of 4 vs. (4 —
Ay)/F[Cl~] from these spectra. In this case
the slope is again — 0.60. In both cases the slope
is not very sensitive to the values chosen for F,
and the same slope is obtained by taking F as
unity.

1.4 N
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12y Tl
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(4 — Arn)/FICI].
[Fig. 4.—Determination of the dissociation coustant for
I,C1~ froin data in the ultraviolet region. Data for wave
lengths of 250, 255, 260, 265 and 270 mip.

The principal limitation of this method is the
difficulty in attaining conditions where only I
and I,Cl~ are present. However, the value of
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K,, 0.60, is in good agreement with the results ob-
tained by Ray and Sarkar® in distribution experi-
ments. They obtained an average value of 0.62
from a variety of experiments using the non-
aqueous solvents CS,, CCly and CHCI;, and HCl
solutions ().06—1 M in concentration.

Solubility of I, in Chloride Solutions.—The
solubility of iodine in aqueous solutions of many
chlorides has been determined by a variety of
workers.®~1*  Several of the workers used their
own data to calculate the dissociation constant of
I,C1~. Among the wvalues which have been
stated explicitly or which can be obtained by simple
conversions are

at 20° 0.48 (HCl)1#
25° .60 (HC1)2 0.55 (HCI),11 0.81 (HC1)1®
.68 (NaCl},1+ 0.67 (NaCl),1t
.63 (KC1),* 0.63 (KCl),150.63 (KCl)*
30° .53 (HCl)1s
33° .77 (HCI1S
45° .72 (HCL)ve

Although a value of about 0.6 is strongly suggested
at 25°, certain of the original data have subsequently
been re-examined and re-calculated to give other
values. For example, Sidgwick® gives 0.48 and
Korenman?®' 0.29. These last two values, or
values of AF? calculated from them, have subse-
quently appeared in articles of a review nature.?22*

Considering the large amount of data available,
the solubility measurements should yield a good
value for the dissociation constant. For this pur-
pose the solubilities reported were first all reduced
to the basis of molar concentration for comparison
of consistency. Density data were necessary for
some of these conversions; the densities of the
chloride solutions were taken frcm the Inter-
national Critical Tables, and the assumption was
made that the presence of I, did not change the
density. There is enough overlapping of data at
25° from references 8, 10, 11, 14, 15 and 18 to
confirm the reliability of their data. Certain of
these data are shown in Fig. 5. The data of
Winther,'®* Ray' and Sandved'$ at temperatures
other than 25° are not inconsistent with these,
but the extent to which they can be compared is
litmited.

(8) P. Ray and P. V. Sarkar, J. Chem. Soc., 1449 (1922).

(9) E. Oliveri-Mandala and A. Angenica, Gaszs. chim. ital., 60, (1),
273 (1920).

(10) J. S. Carter, J. Chem. Soc., 2861 (1925).

(11) J. S. Carter and C. R, Hoskins, 7bid., 580 11929).

(12) W. Herz and F. Hiebenthal, Z. anorg. aligem. Chem., 177, 363
(1929

(13) C. Winther, Z. physik. Chem., 3B, 299 (1929).

(14) A. v, Kiss and A. Urmanczy, Z. anorg. allgem. Chem., 202, 172
{1931).

(15) H. M. Dawson and E. Spivey, J. Chem. Soc., 1838 (1932).

(16) K. Sandved, Kgl. Norske Videnskab. Selskabs Forh., 6B, 165
(1933).

17) S. K. Ray, J. Indian Chemn. Soc., 11, 115 '1934).

{18) V. K. La Mer and M. W. Lewinsohn, J. Phys. Chem., 38, 171
(1934).

{19) F. H. Lee and H. C. Chen, Nanking J., T, 353 (1937). We are
indebted to Dr. W. F. Linke for providing a photo-copy of this article.

120) N. V. sidgwick, “The Chemical Elements and Their Com-
pounds,’’ Vol. 11, Oxford University Press, 1950, p. 1193,

(21) I. M. Korenman, J. Gen. Chem. (LU".S.S.R.), 17, 1608 (1947).

(22) R. L. Scott, J. Am. Chewm. Soc., T8, 1551 (1934).

»23) R. C. Brasted, *Comprehensive Inorganic Chemistry,"”* Vol.
1T, D. Van Nostrand Co., 1934, p. 185 216.

i24) J. W. Mellor, “A Comprehensive Treatise ou Inorganic and
Theoretical Chemistry,”” Supplement II, 1951, p. 837.
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Fig. 5.—Solubility of iodine in chloride solutions (upper
curves) and estimmated concentrations of I, (lower curves).
A, HC.; B, KCIl; C, LiCl; D, NaCl. Data of Rayv ond
Sarkar,® V; Carter and Hoskins,’®11 O: Dawson and
Spivey,”® A; and Kiss and Urmanczy,* 0.

The data of Lee and Chen' appear self-con-
sistent, but the values at 25° are all lower than the
reliable data, and the values at 25° and 35° are
not compatible with the data of Winther!
at 20° and 30°.

The extensive measurements of Herz and Hieben-
thal'? at 23° parallel the curves of Fig. 5 but do not
agree with them. If their term ‘“Molmengen”
is translated as ‘“‘gram-moles,”’ their values are all
high by a factor of about 1.85; if the translation is
‘gram-atoms’’ their values are low by 10-249,. The
values of Oliveri-Mandala and Angenica’ are
clearly inconsistent with the other sets of data,
being low by a factor of 1.3 to 1.6.

Several investigators have called attention to
the fact that the solubility is affected not only by
the formation of the complex I,Cl~ but also by the
salting-out of I,. For systems where complex
formation does not occur, the solubility, .S, of a non-
electrolyte is often given by the Setchenow equa-
tion.

log § = log Sy — kC

where S, is the solubility in pure water, C is the
molar concentration of the salt used and % is a
constant. Plots like Fig. 5 (using data from ref.
10 and 14) for the solubility of I, in non-complexing
salts give the linear relation corresponding to this
equation, with the wvalues of 22 KNOj; (.038;
NaNOQO;, 1.075; Na.SOy, .25,

Most workers have at this point assumed that
the Setchenow equation applies to molecular I,
i1t the chloride solutions and made estimates of the
k’s.  Our estimates of the concentration of molecu-
lar I, in the chloride solutions were made in a
different manner. It was first necessary to chocse
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as a reference solute a non-electrolyte which was
salted-out in a fashion similar to iodine, N,O
was chosen because (1) the salting coefficients for
I, in non-complexing salts are not much different
from the corresponding values for N,O,% (2) both
I, and N,O are salted-out by H,SO, and salted-in
by HNO;%% and (3) extensive data are avail-
able for N,O.%~2 We then applied the principle
suggested by Markham and Kobe?® that two salt
solutions that are equivalent in terms of their
having the same salting effect on one solute,
will also be equivalent for a second solute. From
the N,O data solutions of LiCl, NaCl and KCl of
certain concentrations could then be equated to
certain solutions of KNQO; NaNOQO; or Na,SO,.
Knowing the solubility of I, in the latter then gave
the solubility in the former. Similarly HCl was
compared to H,SO,;. The results of these estimates
are shown in Fig. 5.

These systems may be described in terms of the
equilibrium

1.Cl7(aq) = Is(solid) 4+ Cl~(aq)

with equilibrium constants

, _ [Cl7]
K= [1,C17]
and
. [Cl lyer- Yer , Jor
K, = oodvor g = K ier
[L.Cl ] ync- Y1sC1- Tner-

as well as in terms of K and K,. (The ¥’s are the
activity coefficients on a molar basis; and the f’s
on the rational basis.) Using concentrations taken
from the smoothed curves of Fig. 5 values of K
and K’ have been calculated. These are shown in
Table I1.

The values of K agree generally with those
previously calculated by workers with reliable
data ®'%12.8%  Of these only Ray and Sarkar®
ignored the salting-out effect, but they used data
only from HCI solutions, and Fig. 5 shows that
salting-out by HCI is so small that neglect of it
cannot lead to much error.

Although the solubility data of Winther!® ap-
pear reliable, in his calculation of K he assumed
that disproportionation to I~ and I+ is appreciable.
Treating his limited solubility data in HCl by
our method gives values of K in 1-3 M HCI of
0.51 at 20° and 0.53 at 30°. Within experimental
error these are equal to the values of Table II for
25°.

Korenman®' treated solubility data for NaCl
and KCl solutions by a method using several
concepts now obsolete, In addition much of the
solubility data he used appears to be that of Herz
and Hiebenthal.!?

The trends in K and K’ evident in Table II
indicate that activity coefficients cannot be ig-
nored. In order to obtain values for the thermo-
dynamic equilibrium constants K, and K,’, it is
necessary to consider the behavior of K and K’ as

(25) H. S. Harned and B. B, Owen, ‘“The Physical Chemistry of
Electrolytic Solutions,” 3rd Ed., Reinhold Publishing Corp., New
Vork, N. Y., 1978, p. 736.

(26) G. Geficken, Z. physik. Chem., 49, 271 (1904).

(27) W. Manchot, M, Jahrstorfer and H. Zepter, Z. anorg. allgem.
Chem., 141, 45 (1924).

(28) A. E. Markham and K. A, Kobe, J. Am. Chem, Soc., 68, 449
(1941).
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TaABLE 11
SOLUBILITIES AND EQUILIBRIUM CONSTANTS
[c1-] S K K’ S K K’
HC1 LiCl
0.5 0.00243 0.57 442 0.00233 0.57 459
1.0 .00358 .56 435 .00292 .67 585
1.5 .00462 .56 445 .00325 .69 673
2.0 .00576 .54 441 .00348 .75 779
2.5 .00685 .53 439 .00366 .78 884
3.0 .00794 .53 445 .00380 .81 997
3.5 .00903 .04 448 .00387 .81 1115
4.0 .01005 .54 452 .00384 .84 1254
4.5 .01085 .57 468 .00375 .85 1420
5.0 .01170 .59 478 .00363 .87 1618
5.5 .01240 .61 493 .00347 .90 1846
6.0 .01310 .64 506 .00327 .93 2120
6.5 .01375 .68 522
NaCl KCl1
0.5 0.00208 0.68 568 0.00217  0.65 532
1.0 .00258 71 662 .00284 .66 588
1.5 .00296 .73 754 .00341 .66 636
2.0 .00321 74 835 .00385 .68 697
2.5 .00331 .76 984 .00424 .66 749
3.0 .00333 77 1133 .00450 .67 818
3.5 .00329 .80 1306 .00474 .67 882
4.0 .00320 .81 1504 .00485 .67 966
4.5 .00308 .83 1731
5.0 .00294 .83 1984

a function of [Cl~]. For this purpose it is better
to use K’ since it is less sensitive to the correctness
of the estimates of salting. In addition the numer-
ical value of K’ is independent of the units used in
expressing the concentrations of Cl— and I,Cl—.
In Fig. 6 1s plotted the variation of K’ with [Cl~].
With the exception of HCI at concentrations greater
than 3 M, there is a linear relation between log
K’ and [Cl~], with each chloride giving a dif-
ferent intercept.

This behavior can be rationalized by using several
theoretical ideas and empirical observations dis-
cussed in Harned and Owen® and in Robinson and
Stokes® for mixtures of electrolytes. Consider
the equilibrium in a solution of a particular chlo-
ride, MCI.

., Tut for

Ka/ =X = K’ (fMCl)Z

o (Fyrect)?

JFu* frcrr

where fucr and fumi,cr are the mean ionic activity
coefficients in the mixture. In a solution con-
taining only MCI, or in one in which MCI is the
predominant salt

_031157/C
T 1403201 aygy/C T oNeIC

wliere axci is the distance of closest approach of

the M+ and Cl~ ions, b is a parameter character-

istic of the salt and C is the molar concentration.
In a solution containing only MI,Cl

_ 0.5115\/C

1 4+ 0.3291 ay,00 V' C
but in a mixture that has a small amount of MI,Cl
in a large amount of MCl

(29) Ref. 25, chapters 12 and 14.

(30) R. A. Robinson and R. H. Stokes, ““Electrolytic Solutions,
2nd Ed., Academic Press, Inc.,, New York, N. Y., 1959, Chapters 9
and 15,

log fuc1 =

log fucl® = +bunciV'C
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0.5115/C
- +
1 + 0.3291 ax V' C

where C is the concentration of MCIl, and ax is a
parameter intermediate in value between amc and

1
log funct = — 5 (bycr + by} C

amncl. It follows that
log K = log K/ — 1.0230vC
1 + 0.3291 ax V/C
1.0230/C

1 $0.320L amorv/ & + (buuer — buct)C
It would then be expected that log K’ will appear to
be a linear function of C in a concentration range
where the difference in the second and third terms
is either constant or changing only slowly with C.
In general ami,c1 would be expected to be greater
than amcy, so that the intercept from the extrapola-
tion to C = 0 will be higher than log K, by this
difference. The zero slope of the HCI curve, which
results from &dpci = bunc., suggests that amcr =
aur,ci, since a correlation has been observed be-
tween values of ¢ and b. The best estimate of
K,' is then the intercept of the HCI curve, 440.
Corresponding to this K, will have a value of 0.59.
A further implication is that only in 0-3 A HCI
does fei- = fnci-.  In this region F = y1, and
the estimates of F for use with the spectral data
then follow from the estimates of the salting-out
of I, in HCL

Considering the evidence in total, 0.60 appears to
be the best value for K,. Using this value and
free energy of formation values tabulated by Lati-
mer,3! we calculate that AF® for I,Cl~ is — 27.73
kcal. and that the equilibrium constant for the
reaction

I,Cl- + Cl= = ICl,” 4+ I~

is 7.3 X 1077, The previously mentioned spectral
evidence for the disproportionation is consistent
with the latter value.

Jodine(I).—In solutions where the HCI con-
centration is 0.5 3 or greater, iodine(I) exists
predominantly as the dichloroiodate(I) ion, ICl,~
Such solutions are very stable, retaining their
titer and spectral characteristics for prolonged
periods. The dissociation constant for the re-
action

1Cl;~ = ICl 4 CI™

was determined to be 6 X 10~% by Faull®2 by means
of a distribution method. Because of the rather
high formal concentration of IC1 (0.1-0.4) and
low concentrations of HCI (<0.4 ) the hydrolysis
reaction

51CL~ 4 3H,O = 6H* + 10C1~ + 105~ + 21,

was quite extensive in his experiments even though
1-5.5 M HCIO; was also present. Spectrophoto-
metric measurements, utilizing the 343 mpu peak,
can be made at ICl concentrations of 1073F, de-
creasing the complications caused by the hydroly-
sis. Gillam and Morton?®? report that the absorb-
ance of ICl in this region does not change in the

(31) W. M. Latimer, “Oxidation Potentials,”
2nd Ed., 1952, p. 54 and 63.

(32) J. H. Faull, J. Am, Chem. Soc., §6, 522 (1934).

(33) A.E.Gillamand R, A. Morton, Proc. Roy, Soc. {(London), A182,
152 (1931).
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Fig. 6.—Values of X’ as a function of chloride concentration,
HCl, A; KC1, O; LiCl, O; Na(Cl, V.

HCI solutions in the concentration range 0.2-
10 M. We observe a decrease in absorbance as
the chloride ion concentration decreases from 1
to 0.01 M, while [H*] is maintained at 2 A,
which is not inconsistent with Faull’s value for the
dissociation constant of ICl,~.

A recent investigation,® involving potentio-
metric measurements of solutions of ICl in HCI
of variable concentration, was interpreted as pro-
viding evidence for the existence of IClg™®. Few
experimental details are given about the meas-
urements, but it appears that iodine was added
only as ICl. The authors assume that I~ is present
in all the experiments in some constant, but un-
known, amount, to provide the reduced form of
iodine in the couple being measured. This as-
sumption is highly questionable; in fact, the half-
reaction at the electrode is completely unknown.
The authors claim to justify their assumptions
by similar measurements on the Iz~ complex.
The experiments are not analogous, however;
in the I3~ case iodine is added both as I, and I~
so that the electrode half-reaction is known, as
well as the amounts of the oxidized and reduced
forms of the couple.

Iodine (III),—There are two known iodine(III)
species, iodine trichloride, ICl;, and its complexed
form, the tetrachloroiodate(I1I) ion, ICl;~, which
might possibly exist in aqueous solutions contain-
ing chloride ion. Many salts containing the
ICl;~ ion have been crystallized from aqueous
media,® and it is apparent that this ion does
exist in aqueous solutions under some conditions.
However, there has been no quantitative investi-
gation of the equilibria involving ICly~ in such

(34) E. Pungor, K. Burger and E. Schulek, J. Inorg. Nuclear Chem.,
11, 56 (1959).

(35) See A. I. Popov and R. E. Buckles, “Inorganic Syntheses,'
Vol, V, McGraw-Hill Book Co., New York, N. Y., 1957, p. 167.
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iedia, aud it is not clear from the preparative
procedures wliat solution conditions are most favor-
able for forming ICl,~.

Solutions prepared by dissolving ICl; in 0.5 and
1 .}/ HCI are quite stable, and the Ay values coin-
cide with those of ICl,~. Assuming that the ab-
sorptiont is due to ICL™ alone leads to the cou-
clusion that half of the ICl; is converted to ICL~
The spectra and titer of these solutions remained
utichanged over a period of 27 days. There was
1o evidence that Cl, could be lost from the solu-
tions cither by aging or heating.

Ou the othier hand, when ICl; is dissolved in
3 M HCI, a definite odor of chlorine can be de-
tected. The spectrum of a freshly prepared solu-
tion is not identical to that of ICl,~ but has a con-
tribution from another substance (Cl, and/or
Cl;7) in the region around 333 myu. As the solu-
tion ages, the spectrum approaches that of ICl.™,
the exteut of absorption indicating that all of the
ICl; 1s converted to ICL ™.

The iodine conteut of these solutions was de-
terntined by reducing to iodide and then performing
a potentiometric titration with AgNQO;.  This value
was then compared with the oxidizing power
determined by iodometric titration. These ex-
periments showed that in (.5 3/ HCI the iodine
1s present in a form or forms equivalent in oxidiz-
ing power to ICl;, whereas in ;3 1/ HCI loss of
chlorine reduces the oxidizing power to almost
that equivalent to ICI.

All these facts are consistent with the follow-
ing reaction occuring in 0.5 W HCl

2ICL + 3H.0 — 1057 4 ICl, - + 4C1~ + GH -

1113 M and higher HCI concentrations, on the other
hand, the ICl; decomposes according to
ICl; - Cl " —> I1CL, + Cl

This interpretation is also consistent with the
behavior of 10;~ when added to HCl solutions.
If the concentration of HCl is 3 W/ or greater, the
22+ my peak of ICl,~ appears within the order of
minutes, along with the odor of Cl,. If the HCI
coucentration is 0.5 1/, there is no evideuce of
reaction.

Joun E. LIND, JrR., aAND Ravyonp M. Fross
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A study of the potentiometric titration® of
10;~ with KI in hydrochloric acid revealed that
the end-point appeared prematurely when the
HCI concentration was greater than 2 1/ and that
the exact position of the end-point depended on
the time taken for titration. This effect can now
be seen to result from the formuation and loss of
chlorine gas.

Fialkov and Kagan® report the use of solutions
of ICly for volumetric analysis. Their solutions
were prepared either by dissolving solid ICly in
0.2-04 3/ HCI or by adding KI and KIO; in a
mole ratio of 1:2 to the acid solution. On the
basis of the evidence presented so far it would ap-
pear that such sclutions do uot contain ICl
of ICly~, but instead, equal amounts of 1Cl,~ and
IO;;“

As a further test of this view solutions in 0.5 .}/
HCIl were prepared by adding KIO3; aud KI in
4:2 and 1:2 mole ratios, keeping the amount of
KI the same in both. If the only reaction that
oceurs is

10,7 4 2I~ - 6C17 + GH* —> 3ICl,~ + 3H.O

excess 103~ ions will remain in the 4:2 solution,
and the two solutions ought to have identical
spectra in regions where 103~ does not absorb.
On mixing the solutions a rather intense yellow
brown color developed iminediately, probably
due to the formation of I;~. Within a few minutes
it was replaced by the expected light lemon-vellow
color characteristic of IClL,~. Spectral measure-
ments in the 270-400 mu raunge showed the two
solutions to be identical except for the small range
270-290 mu, where the 4:2 solution had a slightly
higher absorbance. This could be ascribed to
absorbance by the excess 103 ions.

Thus under the conditions employved in these
experiments no evidence was found for the exist-
ence of ICl; or ICl;—.  Of course, other conditions,
such as the presence of excess Cl,, may prove
favorable to their existence.

(36) H.T.S. Britton, R. E. Cockaday and J, K. Foreman, J. Chem.
Soc., 3877 (1952).

(37) Y. A, Fialkov and V. B, Kagan, Ukrain, Khim, Zhwr., 18, 55
(1952).
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Electrolytic Conductance of Salts of Several Cyanocarbon Acids

By Joux E. LIND, JrR.,! aAND RavyMOND M. Fuoss
RECEIVED NOVEMBER 12, 1960

The conductance at 25° of the tetraethylammonium salts of 1,1,2,3,3-pentacyanopropene and of 1,1,2,4,5,5-hexacyano-3-
azapentadiene have been measured in acetonitrile and in ethylene dichloride; the penta-salt was also measured in water.

The electrolytic behavior is typical for that of salts of strong acids.

Association is negligible in water and in acetonitrile

(D = 36.011; in ethylene dichloride (D = 10.35;, association constants are 2600 and 2000 for the penta- and hexa-salts,

respectively.
tributed in both anions.

A number of cyvaunocarbon acids® have been
prepared recently, as well as a variety of their
salts. Briefly described, these acids are essentially

(1) Du Pymt Postdoctoral Research Fellow, 1960-1961.

iy W J. Middleton, E. L. Little, D. D. Coffman and V. A. Engel-
hardt, J. Am. Chem, Soc., 80, 2795 (1958).

These values, as well as the contact distances derived from them, show that the negative charge is widely dis-

hydrocarbons in which all hydrogens except one
or two have been replaced by nitrile groups; the
resulting carbanion is so highly stabilized by
resonance among a large number of canonical
structures that the compounds are stable strong
acids with pK, about 2. One would therefore



