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Table I :  
Decomposition of Chlorates 

G Values for the Radiation 

Ba(ClOa)? KClOa 

c102 - 2 .05  f 0 . 0 6  2.07 f 0 . 0 7  
c10 - 0 . 2 6 i 0 . 0 6  0.27 f 0 . 0 4  
cion 0.2.5 i 0 . 0 9  0 . 2 1  i 0.04 
C1- l . ' i2+O0.O7 1 . 6 4 f 0 . 0 9  
c104 - 0 . 6 0 i 0 . 1 1  1 . 1 3  i 0 . 0 6  
0 2  3 . 9 0 i 0 . 0 4  2 . 7 6 i 0 . 1 6  
HP 0 . 1 1 1 0 . 0 2  0.O6=tO0.03 

NaClOa 

1 .32  f 0.03 
0.18 i 0 .03  
0 . 1 3  i 0 .03  
0.91 f 0.03 
0 .22  i 0.04 
2.36 f 0 . 2 5  
0.05 f 0.01 

observations. This suggests that the absorption of 
energy by the chlorate ions leads to the formation of 
chlorite, hypochlorite, and chloride. Chlorine dioxide 
could be formed from the loss of an oxygen atom and an 
electron. The loss of an electron would lead to chlo- 
rine trioxide which could then dimerize to form di- 
chlorine hexoxide. Hydrolysis of this species could 
account for the observed perchlorate formation. The 
oxygen gas could arise from the recombination of 
oxygen atoms, while the small yield of hydrogen could 
be explained by the interaction of trapped electrons 
with the solvent. 

Absorption spectra of irradiated single crystals of 
sodium and potassium chlorates obtained in the region 
2000-5000 A showed results similar to those obtained by 
Heal4 for potassium chlorate crystals irradiated by X- 
rays. His interpretation of the spectra indicated the 
presence of chlorite, hypochlorite, chlorine dioxide, 
and dichlorine hexoxide in the solid. 

The G values for products formed from potassium 
chlorate by Co60 y rays are consistent with those re- 
ported by Hea1.l The G value of 2-3 for oxygen pro- 
duction by pile irradiation' agrees with that reported 
in the present work. However, the reported G value 
of 1.2 for the production of chlorite ion by Co60 irradia- 
tion3 is significantly lower than our present value. 

The method of HochanadeP gave a G value of 1.50 
for chloride ion formation in irradiated sodium chlorate, 
rather than the value of 0.9 reported here. However, in 
acid solution the oxgchlorine species present may inter- 
fere in the method he used for the chloride determina- 
tion. 

Other workers have made detailed studies of the 
radiolysis of  perchlorate^^^-'^ and with 
similar results regarding the identity of the decomposi- 
tion products. The presence of Br02 in irradiated 
bromates was inferred, while low yields of hydrogen gas 
were observed only for large absorbed doses. Also, 
similar decomposition mechanisms for perchlorates and 
bromates have heen proposed, involving excitation, 
ionization, and the losfi of oxygen from the anion. 

The concept of "free space" within the crystal has 
been correlated with the over-all probability of de- 
comp~s i t ion .~J~  Extending this interpretation to 
the chlorate system, relative sensitivities to radiation 
decomposition have been calculated. The chlorates, 
ranked in theoretical order of increasing sensitivity, 
are ~ a C 1 0 3 ,  Ba(C103)2, and KC1O3. In  actual fact, 
potassium chlorate undergoes more decomposition than 
sodium chlorate, but the over-all decomposition of 
barium chlorate is slightly higher than that of the 
potassium salt. Cunningham and Heallg found that 
the variation of decomposition with free space for 
alkaline earth nitrates was similar to that for alkali 
metal nitrates but lay on a different curve; presum- 
ably, comparisons between the two types would not be 
valid. 

The C1-: C102-: C10-: CIOz ratios are nearly the 
same (within experimental error) for all three of the 
chlorates studied. This suggests the relative prob- 
abilities for the different modes of decomposition may be 
independent of the nature of the cation. Only the over- 
all probability of decomposition by this mechanism 
seems to be affected. 

The C1-:C104- ratio in KClO3 is higher than that 
of the other two salts, indicating the mechanism of 
perchlorate formation may be different in this com- 
pound. 

Information on the reactions of the species present 
in the irradiated solid can be obtained from the effects 
of thermal annealing. The results of this treatment 
will be reported in a later paper. 
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Solubility of Iodine in  Dimethyl Sulfoxide 

by Toshiro Soda and Joel H.  Hildebrand 
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Berkeley, California 94780 (Received August 89, 1967) 

Figures for the solubility of iodine in dimethyl 
sulfoxide (DMSO) between 27 and 38" were pub- 

Volume 71,  Number 19 December 1067 

mic
Text Box

mic
Text Box



4562 NOTES 

lished by Jones and Musulin' in 1962. We have re- 
studied this system carefully over a larger range of 
temperature because of its interest from the stand- 
point of theory of solubility. The solubility parameter 
of DMSO is 13.0, close to that of iodine, 14.1,2 and this 
liquid is moreover a strong electron donor. 

Our supply of the liquid was from Matheson Cole- 
man and Bell. We recrystallized i t  three times to a 
melting point of 18.32". The solubility of iodine was 
determined with the apparatus described by Glew and 
Hildebrand.* Results are shown in Table I. 

Table I : Mole Fractions of Iodine in Dimethyl Sulfoxide 

19.56' 25.00° 30.72O 35.05O 40.20' 

xz (obsd) 0.5626 0.5711 0.5789 0.5850 0.5925 
xz (calcd) 0.5631 0.5707 0.5789 0.5851 0.5924 

The figures in the third row were calculated by the 
equation log x2 = 0.7450 log T - 2.0879. The relation 
of the solubility of iodine in DMSO to its solubility in 
other good solvents is shown in Figure 1. Tbe points 
designated by black dots represent the determinations 
by Jones and Musulin. Their values are from 2 to 4% 
lower than ours. The line for this system lies well above 
the line for the activity of solid iodine. At 25", 57.1 
mole % or nearly 88 wt % of the solution is iodine. 
It is unlikely that any other solvent will be found which 
combines the high solubility parameter and complexing 
power posEessed by DMSO. 

We calculate the solubility parameter of DMSO from 
its heat of vaporization at  25" 12,640 cal mole-', ac- 
cording to Douglas,* and our own determination of its 
density at 25", 1.0964. The energy of vaporization is 
then 12,050 cal mole-', the molal volume is 71.26 cc, 
and 61 = 13.0. If there were no complexing, the line 
for log x2 would be expected to fall only a little below 
the line for log a'; the activity of solid iodine referred 
to liquid. The further increase in solubility results 
from strong complexing. The deviation from the line 
of log u2' decreases as the temperature increases, as ex- 
pected in accord with decreasing stability of the com- 
plex. 

One cannot calculate the entropy of solution from 
these data by the exact equation2 

sz - 528 = R(b in x2/3 In T)sat X (b  In a& In z ~ ) ~  

because the Henry's law partial differential cannot be 
set a t  unity in a solution so concentrated and npnideal. 
One can assert only that the system behaves eseentially 
as expected. 

t 1 

h L  -I 

-I n C  /RS 

2.44 2.46 2.48 2.50 
log T 

SOLUBILITY OF IODINE 
Figure 1. 

The partial molal volume of iodine in DMSO was 
determined by the method described by Shinoda and 
Hildebrands to be 64.5 f 0.4 cc at  mole fractions less 
than 0.004. 

We made a comprehensive spectroscopic study of 
these solutions while unaware of the masterly investi- 
gations of Klaeboe.6 Our results agreed with his in 
all respects. For example, our value for the equilibrium 
constant of the 1 : l  complex in CC14 a t  25" is K = 
11.6 ; the mean of their seven values is 11.4. 

We made two observations, however, that they did 
not. In  a freshly prepared solution of iodine in pure 
DMSO, two absorption bands were found, A,,, 367 
mp, emax 21,800 and A,,, 298 mp, emax 40,400. 
A new sharp absorption band a t  248 mp slowly appeared 
and grew to a maximum in about 5 days. This band is 
evidently that of iodide ion in DMSO, because potas- 
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sium iodide in Di\ISO gives the same sharp band at  
248 mp. Furthermore, the molar conductivity of a 
fresh solution of 0.008 M iodine in DMSO is very 
small, 2.6 mhos cm-2, despite the high dielectric con- 
stant of DMSO, 46.6 at  25", but the conductivity in- 
creases over a period of days parallel with the growth 
of the iodide absorption band to a level of approxi- 
mately 11.6 mhos cm-2. Our colleague, Professor A. 
Streitwieser, suggested that iodine catalyzes a slow 
disproportionation of DMSO into dimethyl sulfide and 
dimethyl sulfone, which may be written 

2(CH3)zSO*I2 = (CH3)zSOz + (CHs)zS*Iz 

Tideswell and AIcCullough7 had found that dimethyl 
sulfide, a strong electron donor, forms a 1 : 1 complex 
with iodine with a dissociation constant in CCl, solution 
of 1.40 X :it 25' and A,,, of approximately 430 
mp. This complex, when dissolved in a solvent with 
the high dielectric constant of DMSO, would be ex- 
pected to ionize into (CH3)&31+ and I-. The slow step 
in this sequence is evidently the initial disproportiona- 
tion of DMSO. Each item in the evidence we have ob- 
tained seems to be in harmony with the above ex- 
planation. 

Acknotcledyment. We gratefully acknowledge com- 
ments on this paper by Dr. J. D. NcCullough, and its 
support by the National Science Foundation. 

(7) N .  W. Tideswell and J. D. McCullough, J .  Am. Chem. Soc., 79 
1031 (1957). 

Intrinsic Viscosity of Polyvinyl Alcohol 

in Aqueous Salt Solutions] 

by E. Bianchi, G. Conio, 

Instituto Chimica Industriale, Unicersith, Genoua, Italy 

acrylonitrile, etc.) in salt solutions has not been ex- 
tensively investigated. In  addition, the study is of 
interest in order to assess the contribution of the un- 
charged, hydrophilic portions of complex macromole- 
cules, such as proteins, to their solution properties in 
the presence of salts. 

Polyvinyl alcohol (PVA) was chosen for this investi- 
gation because of its water solubility and because its 
typical random-coil character simplifies the inter- 
pretation of the results. Limited data are also pre- 
sented for dextran, a typical polysaccharide. 

The PVA sample (Gelvatol 1-90) was produced by 
the Xonsanto Co. This material was obtained by 
hydrolysis of polyvinyl acetate and the residual con- 
tent of the latter was about 1% by weight. The 
weight-average molecular weight was about 120,000. 
The dextran sample was obtained from the U. S. De- 
partment of Agriculture (Northern Utilization Re- 
search and Development Division) through the cour- 
tesy of Dr. s. R.  Erlander. It was produced by Leu- 
conostoc mesenteroides (NRRL B-512F) and had a 
weight-average molecular weight of 68,000. Viscosity 
measurements were performed as previously reported. 

A stock solution of PVA (c 'v 1%) was obtained by 
dissolving the polymer in boiling water, leaving the 
solution for about 10 days at  room temperature, and 
filtering through fritted glass. A similar procedure 
was followed for dextran. 

Intrinsic viscosities are plotted as a function of salt 
concentration, C,, in Figure 1 for PVA and for dex- 
tran. In  KCl, insolubilization of PVA and dextran 
occurred, respectively, a t  C, > 0.27 M and C, < 1 M .  
The instrinsic viscosity is increased (relative to the 
value in pure water) by some salts and is decreased by 
others. The results are compatible with the following 
ranking of the anions and cations for increasing intrinsic 
viscosity 

C1- < I- < SCN- 

K +  < Li+ < Ca2+ 

As expected, the variation of [q] with C, is more 
similar to that observed for isoelectric gelatin2" than for 
the cationic and anionic (In the latter 
case, [77] decreased with C, for all salts.) Series 1 and 
2 are similar to those deduced from the viscosity of 
isoelectric gelatin2" and to those describing the increase 
of enrichment of salt within collagen  network^.^ Thus, 

and A. Ciferri 
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The role of salts on the intrinsic viscosity of an iso- 
electric protein2" (gelatin) and of two polypeptides,2b 
one cationic (poly-L-lysine), the other anionic (poly-L- 
glutamic acid), has been reported* We have 
considered it interesting also to explore the effect of 
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the same salts on the viscosity of an uncharged polymer. 
This study is of interest per S? since the behavior of 
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