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SUBSTRATE EFFECTS ON THE DECOMPOSITION OF ALKYL 
HYDROPEROXIDES AND THEIR INFLUENCE 

UPON AUTOXIDATION1
By J. R. T homas and 0 . L. H ar le

C a lifo rn ia  R esea rch  C orp ora tion , R ich m on d , C a lifo rn ia
Received M a y  6, 1958

Rates of decomposition of tetralin hydroperoxide were measured in the presence of phenyl-a-naphthylamine in medicinal 
white oil. Data are presented to show that the amine is an effective radical trap in the system under study and that the 
measured rates represent rates of primary reactions, unattended by radical chain reactions. The decomposition is appar­
ently first order to at least 50% decomposition, but the rate constants are dependent upon the initial concentration of 
hydroperoxide. Extrapolated to zero concentration, these rate constants give an activation energy of 31.4 kcal./mole 
over the temperature range 121,5-100.3°. The rate of decomposition is found to vary with the nature of the solvent, being 
much faster in certain olefins than in saturated hydrocarbons. In these olefinio solvents, the activation energy for decom­
position is about 20 kcal./mole. indicating that the reaction is not unimolecular. A correlation is found to exist between 
the rate of decomposition of tetralin hydroperoxide in a number of solvents and the rates of autoxidation of these solvents.

Although the decomposition of alkyl hydroper­
oxides to give free radicals is an important reaction 
in the autoxidation of hydrocarbons, little is known 
about it with certainty. The reaction is known to 
be complex, frequently due to the presence of sec­
ondary chain reactions. 2 In addition, there is evi­
dence that the primary reaction is second order un­
der some conditions and first order under others. 3 - 5  
Furthermore, it has been observed that the rate of 
decomposition of hydroperoxides is influenced by 
the nature of the solvent, although in these eases 
the role of the solvent was complicated bjr its in­
fluence upon the above-mentioned effects.

This paper describes a study of the thermal de­
composition of tetralin hydroperoxide in medicinal 
white oil in the presence of an inhibitor to eliminate 
secondary reactions induced or propagated by free 
radicals. The decomposition is studied as a function 
of concentration under these conditions, which 
permits the first-order decomposition to be isolated 
from reactions of higher order. The influence of 
solvent upon the first-order decomposition is stud-

(1) Presented before the Petroleum  D ivision of the American Chem ­
ical Society M eeting, San Francisco, C a lif., April IB -18. 19.3S.

(2) P. II. Seubold, Jr., F. F. R ust am i W . Jfi. Vaughan, ./. A m . 
C h em .S o c .,7 3, 18 (1951).

(3) A. Farkas and E . Passaglia, ibid., 72, 3333 (1950).
(4) L . B atem an and II. Hughes, J . Chem. Snc., 4594 (1952).
( 5 )  V . Stannett, A . E . W oodward and R . B . M esrobian, T h i s  

J o u r n a l , 61, 3 0 0  ( 1 9 5 7 ) .

ied for a variety of solvents, and the results are cor­
related with the ease of autoxidation of the solvent. 

Experimental
Rate Measurements.—For high boiling solvents, decom­

position rates were determined by withdrawing aliquots 
for peroxide determination from glass-stoppered vials im­
mersed in an oil-bath thermostated to within ±0.1°. 
The surface above the liquid in the vials was blanketed with 
oxvgen-free nitrogen. Sealed ampules were used for lower 
boiling solvents. Temperature was measured with a 
thermocouple. Hydroperoxide was determined by reaction 
with potassium iodide in a glacial acetic acid-chloroform 
mixture under carbon dioxide, followed by titration with 
standard sodium thiosulfate.

A series of experiments following the procedure of Morse6 
also was performed. The decomposition of tetralin hydro­
peroxide in medicinal white oil was studied in an apparatus 
modeled upon hers, with the modification that the sweeping 
gases (helium and oxygen-free nitrogen) could be entirely 
recovered after sweeping at, a carefully controlled rate and 
analyzed by mass spootrography for the hydrogen, oxygon 
and water which might be produced by the decomposition 
of the hydroperoxide.

In experiments to test the effectiveness of the inhibitor, 
the decomposition of tetralin hydroperoxide was induced 
by di-f-butyl peroxide in the presence of phenvl-a-naplithyl- 
amine (PAN) in degassed sealed ampules, and the decom­
position rate was measured.

Materials.—Tetralin hydroperoxide, prepared by the 
method of Hock and Susemihl,7 recrystallized from hexane; 
di-i-butyl peroxide, purified by distillation; medicinal white 
oil, commercial product, used without further purification;

(0 )  B .  K .  M orse, J. A m . Chem. S ee ., 7 9 , 3375 (1957).
(7) H. Hock and \V. Susem ihl, Bcr., 66, 01 (1933).

1027



1028 J. R .  T h o m a s  a n d  0. L. H a r l e Vol. 63

T a b l e  I
F i r s t - o r d e r  D e c o m p o s i t i o n  I I a t e  C o n s t a n t s  

Tetralin hydroperoxide in medicinal white oil. Influence 
of phenyl-a-naphthylamine and inert gases.

T, °C .
(ROOM ),

m
(P A N ),

m Sw eeping gas
k X  HP, 

s e c .-1

0.06 0 None 1.68
.054 0 7.12 cc./min. N2 1.60
.06 0.018 None 1.05

150. G .054 .041 15.6 cc./min. N2 0.91
.053 .041 8.7 cc./min. He 1.03

0.22 0 6.0 cc./min. He 2.99
.22 0.08 7.1 cc./min. He 1.39

150.6 .24 .018 None 1.42
.24 .037 None 1.37
.24 .073 None 1.41

0.24 0.018 None 4.33
166.3 0.24 0.037 None 4.33

0.24 0.018 None 0.43
135.6 0.24 0.037 None 0.42

polybutene, commercial product, percolated through active 
alumina; phenyl-a-naphthylamine (PAN) and 2,6-di-i- 
butyl-p-cresol, commercial materials recrystallized from 
benzene-alcohol; all other solvents, commercial products 
percolated through active alumina and then carefully dis­
tilled under nitrogen.

Autoxidation Inhibition Periods.—The method has been 
described previously.® The inhibited substrate is stirred by 
a very fast magnetic stirrer in a closed system to which oxy­
gen is delivered as consumed at atmospheric pressure from 
a recording gasometer.

Results
Influence of Inhibitor and Inert Gas Sweeping.—

Phenyl-a-naphthylamine was used as an inhibitor 
to eliminate chain and radical-induced decomposi­
tion, as previously described. 9 From the data 
given in Table I, it is seen that small concentrations 
of this material decrease the observed rate of de­
composition, but that further increases in concen­
tration are without effect. A second inhibitor,
2 ,6 -di-i-butyl-p-cresol, was found to behave simi­
larly at 150.6° and to give a similar fully inhibited 
value. Also included in Table I are the results of 
experiments in which a gas stream is continually 
swept through the solution by the method of 
Morse.6 Data are given for oxygen-free nitrogen 
and helium. It is seen that it makes no difference 
whether or not the solutions are continuously swept 
with an inert gas. This is in contrast to the work 
of Morse who reports that removal of oxygen by 
sweeping with an inert gas greatly accelerates the 
rate of decomposition of ¿-butyl hydroperoxide. In 
preliminary experiments at 98.5° with ¿-butyl hy­
droperoxide in dodecane, using apparatus pat­
terned after that of Morse, we have been unable to 
reproduce Morse’s results. We find the principal 
cause of ¿-butyl hydroperoxide disappearance from 
the reactor to be volatilization. If a Dry Ice trap 
is inserted in the flowing gas stream following 
the water condenser and the results are corrected 
for the hydroperoxide collected there, we find a 
rate of thermal decomposition similar to that ob­
served in sealed glass ampules. This result is to be

(8) O. L . H arle and J. R . Thom as, Paper 2 2  presented a t the 
G eneral Session of the Petroleum  Division of the A C S , A pril 12, 
1057; Preprints, Vol. 2, N o. 1, p. 43.

(9) J. R . Thom as, J. A m . Chem. Sue., 77, 246 (1955).

expected from the vapor pressure of ¿-butyl hydro­
peroxide at 2 0 °, the temperature of the water con­
denser in the Morse apparatus. We also find a neg­
ligible yield of oxygen from the decomposition, 
i.e .,<  1 %.

Gaseous Products.— In Table II are given yields 
of several gaseous products from tetralin hydro­
peroxide decomposition recovered in the experi­
ments using inert gas sweeping. Several points are 
of interest. First, the yield of oxygen is very low 
under all conditions. Second, the yield of hydro­
gen is appreciable at high concentration of hydro­
peroxide but is reduced to zero in the presence of 
PAN. Third, the yield of water is approximately 
50%, based on peroxide OH, in the absence of 
PAN but becomes close to 100% in the presence 
of PAN.

T a b l e  II
Y i e l d  o f  G a s e o u s  P r o d u c t s , M o l e s / M o l e  

T e t r a l i n  H y d r o p e r o x i d e  D e c o m p o s e d

(R O O II),
in

(P A N ),
m mo Os IIs

0.054 0 0.38-0.51 0.01 0.03
.054 0.041 .77-0.89 0.01 nil
.22 0 .46-0.47 nil 0.16
.22 0.081 .94-1.01 nil nil

Order of Reaction, Hydroperoxide Decomposi­
tion.— Plots of log (R 0 2H) versus time showed no 
departure from linearity except those at the lower 
temperature and higher concentrations. Typical 
behavior is shown in Fig. 1 for an initial peroxide 
concentration of 0.06 mole liter- 1  at 150.5°. Where 
departure from linearity was observed, the effect 
was very small and could not be distinguished at 
less than about 50% decomposition. In these in­
stances the initial slope was used as a measure of 
the first-order rate constant. The first-order rate 
constant so derived was dependent upon the initial 
concentration of hydroperoxide, showing the pres­
ence of a reaction of higher order than first. For 
example, the rate constants at 121.5° were 0.71, 
0.83, 1.0 and 1.5 X 10- 5  sec. - 1  at peroxide concen­
trations of 0.03, 0.06, 0.12 and 0.24 mole liter-1, re­
spectively. Linear extrapolation of these values 
to zero concentration gives, with very slight error, 
the true first-order rate constant uncomplicated by 
reactions of higher order. Table III gives the 
fraction of the total initial decomposition occur­
ring by higher order reactions at a series of tempera­
tures and at two concentrations of hydroperoxide. 
These data show that the extent of the higher order 
reaction decreases with increasing temperature and 
decreasing concentration. These observations are 
consistent with Bateman’s4 suggestion that the 
frequently observed second-order decomposition of 
hydroperoxides results from dimerization in solu­
tion, although they do not constitute proof.

T a b l e  III
P e r  C e n t . D e c o m p o s i t i o n  b y  H i g h e r  O r d e r  R e a c t i o n s

T , °C .
%  a t 0.06 
mole 1. ">

%  a t 0.24 
mole 1.

121.5 28 60
135.6 19 52
150.5 8.7 26
166.3 8.5 21
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Similar behavior was found when 2-ethyl hexene- 1 

was used as a solvent. Again, the effect of increas­
ing inhibitor concentration quickly approaches a 
limit, and the apparent first-order decomposition 
rate constant is dependent upon hydroperoxide 
concentration. At 130° the rate constants were
1.08, 1.29 and 1.09 X 10- 4  sec. - 1  at 0.00, 0.12 and 
0.24 mole liter-1, respectively.

Di-Abutyl Peroxide-induced Decomposition of 
Tetralin Hydroperoxide.— In order to test the 
efficiency of phenyl-a-naphthylamine as an in­
hibitor of free radical-induced reactions, its effect 
on the di-i-butyl peroxide catalyzed decomposition 
of tetralin hydroperoxide was studied. The results 
of this study are shown in Table IV where the first- 
order rate constants for peroxide disappearance are 
given for various concentrations of tetralin hydro­
peroxide, di-/-butyl peroxide and PAN. All ex­
periments gave first-order plots to within experi­
mental error. Typical plots are shown in Fig. 2 . 
Points calculated on the basis of a mechanism dis­
cussed later also are shown. Acetone and ¿-butyl 
alcohol, products of diT-butyl peroxide decomposi­
tion, were found to have no effect on the hydroper­
oxide decomposition rate.

Table IV
I n d u c e d  D e c o m p o s i t i o n  o f  T e t r a l i n  H y d r o p e r o x i d e  b y

D l-(-B U T Y L P eroxide , 150.5°

Solvent
(R O O II),

m
(D T B ),

m
(P A N ).

m
k X  1Ü 

s e e .-1

White Oil 0.06 0 0.091 1.05
.06 0.025 0 3 .3
.03 .05 .091 1.63
.06 .05 0 4 .6
.06 .05 .091 1.51
.12 .05 .091 1.56
.06 .05 .045 1.58
.06 .05 .022 2.01
.06 .025 .091 1.28
.06 .10 .091 2.13

Effect of Solvent upon First-order Decomposi­
tion.— Comparing the first-order rate constants for 
tetralin hydroperoxide at 130° in medicinal white 
oil and 2 -ethylhexene-l, one finds that the decom­
position is 5.7 times as fast in the latter solvent as 
in the former solvent. Similar studies were made 
with other solvents, except that the rate constants 
were not extrapolated to zero concentration. The 
measurements were made at- as low a concentration 
as feasible (0.06 mole liter- - in all cases). Judging 
from data given above, these values should be in 
error by not more than 10-20%. Inhibitor was 
used in all cases. The rate constants for tetralin 
hydroperoxide decomposition in these solvents are 
given in Table V at 170°. The value for isooctane 
was measured at this temperature. Also given in 
Table V are the activation energies, where these 
were determined, and these values were used to ex­
trapolate data from lower temperatures to 170°. 
Where activation energies were not determined, a 
value of 29.0 kcal./mole was used, except for 2,4,4- 
trimethylpcntene- 1  and polypropylene, where a 
value of 19.8 kcal./mole, that of 2 -ethylhexene-l, 
was used. The activation energy in medicinal 
white oil of 31.4 kcal./mole arises from the data

Fig. 1.—Log (ItOOH)/(RO()II)o vs. time, tetralin hydro­
peroxide, 150.5°.

Fig. 2.—Decomposition of tetralin hydroperoxide; log k vs. 
1/7'.

Fig. 3.—Log (K()()H)/(R()OH)o versus time. Tetralin 
hydroperoxide decomposition catalyzed bv di-i-butvl per­
oxide (DTB)--0.091 M  PAN.

given in a previous section. The plot of —log k 
versus 1/T is given in Fig. 3.

Discussion
The decomposition of a hydroperoxide in solution 

is complex. In any given experiment without in­
hibitor there exists a primary first-order reaction, a 
secondary reaction which, together with the pri­
mary reaction, gives a first-order rate, and a reac­
tion of higher order. Our purpose is to isolate as 
nearly as possible the primary reaction, since the
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T a b l e  V
E f f e c t  o f  S o l v e n t  uroN R a t e  o f  D e c o m p o s i t i o n  o f  

T e t r a l i n  H y d r o p e r o x i d e  a t  170°

Isooctane

k X  10S 
sec. 1

1.31

Ai?Act, kcal'4 
mole

n-Butyl stearate 1.47 30.0
n-Tetradecane 2.32
n-Octadecanc 2.54 28.5
White oil 4.82 31.4
Hexadecene-1 7.92 28.0
Dioctyl ether 14.5 20.0
2-Ethylhexene-l 12.6 19.8
2,4,4-Trimethylpentene-l 16.7
Polybutene 21.7 18.7
Polypropylene 25.0

influence of hydroperoxide decomposition upon in­
hibited autoxidation appears to involve primarily 
this reaction. This is the case because the hydro­
peroxide concentration during the induction period 
is very low and because the inhibitor should greatly 
reduce the likelihood of free radical-induced sec­
ondary peroxide decomposition reactions.

First let us emphasize that we find essentially no 
oxygen evolved as a result of the decomposition of 
tetralin hydroperoxide under our conditions. Fur­
thermore, we do not find an effect of sweeping a de­
composing solution of tetralin hydroperoxide with 
inert gas as did Morse for ¿-butyl hydroperoxide, 
nor have we been able to reproduce Morse’s results, 
as discussed above. Consequently, this complica­
tion need not be considered.

A most important question for our purpose is 
that of the efficiency with which PAN acts as a rad­
ical trap, since we use it to eliminate the free radical- 
induced secondary reactions. To determine its ef­
fectiveness, the induced decomposition of tetralin 
hydroperoxide by di-i-butvl peroxide was studied. 
The results presented in Table IV show that such 
an induced decomposition does occur and that PAN 
greatly inhibits it. For example, at a tetralin hy­
droperoxide concentration of 0.06 M  and a di-f-bu- 
tyl concentration of 0.05 M  the observed first-order 
rate constant for hydroperoxide decomposition is
4.6 X 10- 4  sec.-1. In the presence of 0.045 and 
0.091 M  PAN the rate constants drop to 1.56 and
1.51 X 10- 4  sec.-1, respectively. The fully inhib­
ited rate constant for tetralin at 0.06 M  without 
added di^-butyl peroxide is 1.05 X 10- 4  sec.-1. 
Unfortunately, the PAN does not entirely eliminate 
the effect of the di-i-butyl peroxide. The most 
likely reason for this is that di^-butyl peroxide 
and tetralin hydroperoxide react in a bimolecular 
reaction. Such a bimolecular reaction is known 
for hydroperoxides alone, and it seems reasonable 
that a dialkyl peroxide and a hydroperoxide might 
react similarly. Evidence for this can be obtained 
from the data presented in Table IV.

Assuming that the fully inhibited tetralin hydro­
peroxide decomposition rate represents the primary 
first-order reaction (at 0.06 M  and 150° the higher 
order reaction is very slight), and assuming a bi­
molecular reaction between peroxide and hydro­
peroxide, the rate equation for hydroperoxide dis­
appearance is

- inO T i : - w + f e ( u r a i "
P  e — i k 3l  +  ( k t / k o b s ) ( R O O R ) o ( l - e ~ k o i » 0 } ( H  ( i )

where h  is the first-order rate constant for the pri­
mary decomposition of hydroperoxide, kz is the 
first-order decomposition rate constant for di-f- 
butyl peroxide decomposition, kz is the second-order 
rate constant for the hydroperoxide-peroxide reac­
tion, and fab3 is the experimental^ observed first- 
order rate for* tetralin hydroperoxide disappear­
ance. Graphical integration of this expression 
yields values of /c2 for the series of inhibited runs 
with varying concentrations of di-i-butyl peroxide. 
A constant value of kz of 16 ±  1 X  10- 4  mole 
liter- 1  sec. - 1  is obtained over the fourfold range of 
concentration studied, indicating the proposed 
mechanism to be correct. Integration of equation 
1 for the series at constant di-i-butyl peroxide con­
centration but with varying concentrations of tet­
ralin hydroperoxide shows that the observed first- 
order rate constant should vary by only 7% over 
the fourfold change of concentration reported in 
Table IV. This is in excellent agreement with the 
experimentally observed values and demonstrates 
further the soundness of the proposed mechanism. 
In the above calculations, /c3 was taken to be 1.49 X 
1 0 - 4  sec. - 1  from the data of Lossing and Tickner. 10 
Equation 1, using the value of kz found above, pre­
dicts essentially first-order hydroperoxide disap­
pearance within experimental error for inhibited 
runs reported in Table IV to at least 50% decompo­
sition. Calculated points are compared with ex­
perimental points in Fig. 3. Further indication 
that PAN effectively inhibits free radical-induced 
secondary reactions is evident from the gaseous 
products of decomposition presented in Table II. 
It will be noted that in the absence of PAN consid­
erable hydrogen is evolved, but that in the presence 
of PAN the hydrogen evolution is eliminated. One 
likely explanation is that either the RO- radical or 
the S- radical derived from the solvent decomposes 
to give hydrogen. Alternatively, the RO- radical 
might decompose to give a-tetralone which might 
then react with hydroperoxide to give an <*-hy- 
droxy peroxide, which decomposes to give hydro­
gen in a manner discussed by Durham, Wurster 
and Mosher. 11 In any event, the inhibitory action 
of PAN upon hydrogen evolution suggests that it 
traps the radicals which might be involved in free 
radical-induced secondary decomposition of the 
hydroperoxide. The change in water yield is also 
indicative of its effectiveness.

These arguments demonstrate that PAN is an 
effective radical trap in our systems and that the 
first-order rate constants for tetralin hydroperoxide, 
extrapolated to infinite dilution, represent the pri­
mary first-order decomposition reaction quite 
well. The linear extrapolation of the observed 
rate constants to infinite dilution used here is not 
rigorous. However, since the observed first-order 
rate constants are a linear function of initial con­
centration and since the extrapolated value and the

(10) F . Lossing and A . W. Tickner, J . Chem. Ph-ys.. 20, 907 (1952).
(11) L . J .  D urham , C . F . W urster and H. S . M osher, J .  A m . C h em . 

S o c ., 80, 332 (1958).
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lowest measured concentration value never differ 
by more than 15%, the extrapolated values cannot 
be in error by more than several per cent.

The influence of solvent upon the rate of decom­
position is much larger than that expected or or­
dinarily found for truly unimoleeular reactions. 
Bawn and Mellish12 found only a slight effect of 
solvent upon the unimoleeular decomposition of 
benzoyl peroxide. Szwarc, 13-14 et al., studying 
acetyl peroxide, found the rate to be independ­
ent of the solvent, and very close to that measured 
in the vapor phase. This behavior is to be ex­
pected since the transition state resembles the initial 
state so closely that the influence of solvent on 
both states should be the same. 15 The large effect 
of solvent found here indicates that the decompo­
sition of hydroperoxide in solution is not truly uni- 
molecular. This appears to be clearly the case with 
certain of the olefinie solvents, where the low activa­
tion energy indicates a different reaction from that 
occurring in the saturated solvents. The effect of 
olefinie solvents has been noted in the case of cyclo­
hexene hydroperoxide by Farkas and Passaglia, 3 
and in the case of ¿-butyl hydroperoxide by Walling 
and Chang. 16 In both instances, chain decomposi­
tion was considerable; however, evidence was ob­
tained that the primary rate of bond cleavage was 
enhanced by the olefinie solvent. Walling and 
Chang suggest reaction (2 ) to account for this be­
havior
ROOH +  CHo = CHCcHs — ^

ROO +  CHsCHCeHs (2)
Nandi and Palit17 observe that hydrogen peroxide 
functions as an initiator of vinyl polymerization at 
moderate temperatures and observe an effect of 
solvent upon the rate of initiation.

While the behavior of hydroperoxides in olefinie 
solvents may reasonably be explained by a reaction 
of the type shown above, (2 ), it is more difficult to 
suggest a reasonable mechanism for the influence 
of saturated solvents. A reaction such as (3) can 
be postulated, although it has no counterpart as far 
as we are aware.

ROOH +  RH — >  RO- +  R- +  IIsO (3)

A further indication that some such solvent effect 
is operable arises from the magnitude of the activa­
tion energy of the decomposition. The measure­
ments reported here show clearly that the activa­
tion energy of the first-order tetralin hydroperoxide 
decomposition is about 31 kcal./mole. The compli­
cating effects of induced decomposition and reac­
tions of higher order appear to be absent, on the 
basis of the data presented. Previous data for 
other hydroperoxides show similarly low values of 
the activation energy. 9 When compared with the 
dissociation energies of hydrogen peroxide, 48 kcal./' 
mole, and dialkyl peroxides, 32-36 kcal./mole, 18

(12) C. E . II. Bawn and S. F . Mellish, T rans. Faraday S oc., 4 7 , 1216 
(1951).

(13) A. Rembaum and M. Szwarc, J . Chem. P h ys., 23, 909 (1955).
(14) J. Smid, A. Rembaum and M. Szwarc, J . A m . Chem. Soc., 78, 

3315 (1956).
(15) S. Glasstone, K. J. Laidler and H. Eyring, “The Theory of 

Rate Processes,” McGraw-Hill, Inc., New York, N. Y., 1941, p. 407.
(16) C. Walling and Y. W. Chang, J . A m . Chem. S oc., 7 6 ,  1878 

(1954).
(17) U. S. Nandi and S. R. Palit, J .  P olym er S ci., 17, 65 (1955).

Fig. 4.—Inhibition period versus rate of thermal decom­
position of tetralin hydroperoxide; 171°, 0.2% inhibitor.

this value seems abnormally low. The only other 
hydroperoxide for which the approximate first-or­
der decomposition rate constant for the primary 
decomposition apparently has been determined is 
¿-butyl hydroperoxide in n-octane. 19 The investi­
gators relied solely upon extrapolation of rate data 
to infinite dilution, which might, but does not nec­
essarily, eliminate induced decomposition. The 
activation energy in this case was found to be 3 9 . 0  
kcal./mole, close to that found for di^-butyl perox­
ide by the same investigators. Walling20 sug­
gests that this value appears low, in view of the 
value for hydrogen peroxide, and suggests that sol­
vent is possibly involved in the cleavage process. In 
this case, however, the kinetic data agree closely 
with the dissociation energy calculated from heats 
of formation of the hydroperoxide and the resulting 
radicals. Mosher21 recently has redetermined the 
heat of combustion of ¿-butyl hydroperoxide in 
agreement with Bell, 22 et al., and calculates a dis­
sociation energy of 41 ±  3 kcal./mole. It seems 
unlikely, thus, that the n-octane solvent plays a role 
in the decomposition in this case.

The wide variations in the first-order decompo­
sition rate constants with solvent suggests that this 
effect could be of importance in the rate of autoxi- 
dation of the solvent. This would be particularly 
true in inhibited oxidations, since the maximum 
hydroperoxide concentration during the inhibition 
period will be quite low, and higher order reactions 
will be unimportant. To test this idea, the inhibi­
tion period resulting from a given concentration of 
phenyl-a-naphthylamine in a number of fluids was 
determined at 171°. The log of the inhibition pe­
riod is plotted against the log of the decomposition 
rate constant for tetralin hydroperoxide in those 
fluids in Fig. 4. It will be seen that the inhibition 
period is inversely proportional to the decomposi­
tion rate constant for all of the fluids studied except 
tetralin. In a previous report, it was shown8 that 
the inhibition period is given by

(18) T. L . C ottrell, “ T h e Strengths of Chem ical B onds,”  A cadem ic 
Press, Inc., N ew Y o rk , N . Y . ,  1954.

(19) E . R . B ell, J. H. R aley, F . F . R ust, F . II. Seubold and W . E . 
Vaughan, D isc. Faraday Soc., 10, 242 (1951).

(20) C . W alling, “ Free R adicals in Solution,”  John W iley and 
Sons, N ew  Y o rk , N . Y .,  1957, p. 504.

(21) H. S. M osher, p rivate com m unication.
(22) E . R . B e ll, F . H . D ickey, J. H. R a ley, F . F . R u st and W . E. 

Vaughan, In d . E n g. Chem., 41, 2597 (1949).
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_  [mio C F d ([IH ]/[lH ]0)
1 “ k\ku J i kx_ [mi w

[THU
where

[III ]n = initial inhibit or concn.
[Ill] = instantaneous inhibitor concn.
A\i = rate constant for oxidation chain initiation by

hydroperoxide decomposition 
At, =  chain length constant, where chain length = 

W ilH ]
At = rate of chain initiation by reactions not involv­

ing hydroperoxide
F = fraction of inhibitor remaining at end of inhibi­

tion period (chosen to be arbitrarily small or 
zero)

It can be shown that the integral has a constant 
value for the conditions studied here.8 The cor­
relation shown in Fig. 4 suggests that the chain 
length constant kj, is approximately the same for 
the materials studied here, with the exception, pos­
sibly, of tetralin. The chain length constant for 
tetralin has been shown by Bolland23 to be about 
.170 times as large as that for «-decane at 60°, which 
probably accounts for its very short inhibition pe­
riod. Other materials with widely differing chain 
length constants should show similar deviations. 
The peroxides which catalyze the oxidation during

(23) J. 1». Boll ami, Quart. Rev., 3;">8 (1018).

the inhibition period are, of course, those native to 
the fluid. The effect of structure upon the thermal 
stability of hydroperoxides has been shown to be 
slight, 9 however, and the rate of decomposition of 
tetralin hydroperoxide should be close to that ex­
pected from the native peroxides in a given solvent.

Summary
1 . Phenyl-a-naphthylamine is shown to be an 

effective radical trap for the radicals produced 
when a hydroperoxide is decomposed in hydrocar­
bon solvents. By its use, free radical-induced sec­
ondary decomposition of the peroxide can be elimi­
nated.

2. The primary first-order decomposition of tet­
ralin hydroperoxide is strongly solvent dependent, 
suggesting that the radical-producing reaction in­
volves reaction of the hydroperoxide with solvent.

3. The PAN inhibition period for autoxidation 
of a hydrocarbon is found to be inversely propor­
tional to the rate fit which tetralin hydroperoxide 
decomposes in that solvent. Since most hydro­
peroxides decompose at nearly the same rate in a 
given hydrocarbon solvent, the rate of the solvent- 
hydroperoxide reaction is seen to be an important 
factor in determining the rate of autoxidation of 
the hydrocarbon.

THE DEUTERIUM EXCHANGE ACTIVITIES OF 
SOME SUPPORTED PLATINUM CATALYSTS

B y  C. G. M y e r s , D. J. Sib bett  and  F. G. C iapetta

C on tribu tion  fr o m  S o co n y  M o b il Oil. C om p a n y , I n c .,  R esearch  and D evelop m en t L a b ora tory , PauJshoro, N ew  J er s ey
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The kinetics of two different deuterium exchange reactions were studied over platinum on nine different supports. The 
reactions were (1) «-butane plus n-trideuteriobutanc and (2) w-butane plus deuterium. The catalysts were, generally, 
platinum -acidic oxide materials having hydrogenation-dehydrogenation sites and “ acid” sites. Their “ dehydrogenation 
activities” were characterized by cyclohexane conversion to benzene; their “ acid activities” by p-xylene isomerization. 
In either reaction, equilibrium product compositions matched those calculated by probability methods assuming ( i )  that 
all of the hydrogen atoms of «-butane are equally replaceable by deuterium atoms, and (2) that there is no isotope effect 
on the equilibrium compositions. In the butane-deuterium reaction, equilibration among the hydrogen isotopes of the 
system was reached first; equilibrium was next established for the distribution of deuterium atoms between hydrogen 
molecules and butane molecules; slowest was equilibration in the butane-deuteriobutane portion of the system. Catalyst 
activity toward each deuterium exchange reaction was found to parallel dehydrogenation activity primarily, and “ acidity,” 
as measured by xylene isomerization, secondarily. Reaction rate and apparent activation energy varied from catalyst to 
catalyst. Frequency factors and activation energies exhibited the “ Compensation Effect.”  The kinetics suggest that the 
number of deuterium atoms combining with a butane molecule per collision of butane with deuterium also paralleled catalyst 
“ acidity.”  The data, taken together, may mean that acid sites and platinum site's eoaet to promote this latter effect.

Catalytic exchange of deuterium between a low 
molecular weight paraffin and its deutero analog1 
involves catalyst interaction with only one chemical 
species, the hydrocarbon. On the other hand, an­
other species, hydrogen, is present in the more eom- 
monly studied reaction of deuterium itself with 
paraffins. 2 - 5  In this "work, these two reaction

(1) G . Parravano, K. F. Haim ncl and II. S. T a ylor, J. A m . Chera. 
S oc., 7 0 , 2209 (1948).

(2) (a) C . ICemball, P roc. R oy. Soc. (L ondon ), A 2 0 7 , 539 (1952); 
(b) A 2 1 7 , 37G (195 1); (c) A 2 2 3 ,  377 (1954); (cl) J. R . Anderson and 
C . K em ball, ibid., A 2 2 3 , 3C1 (1954).

(3) S. O. Thom pson, J . Turkevich  and A . P. Irsa, J . A m . Chem. 
S oc., 7 3 , 5213 (1951).

(4) (a) A . Farkas and L . Farkas, T'rans. Faraday S oc., 3 5 , 917 
(1939); (b) A. F arkas, ibid., 3 6 , 522 (1940).

(5) (a) O. Jlorrex, R . K , Greonhalgh and M . P olanyi, ibid., 35,

types are compared using «-butane. The catalysts 
were, generally, platinum on acidic oxide materials 
having both hydrogenation-dehvdrogenation and 
“acid”  activities.6 -1 0

511 (1939); (b) R . K . Greenhalgh and M . Polanyi, ibid., 35, 520
(1939).

(6) G. A . M ills, H . Ilcinctnann, T . II. M illikon and A . G . O blad, 
In d . Ena. Chem., 46, 134 (1953).

(7) (a) M . J. Fow le, It. D . B ent, F . G . C iapetta, P. M . P itts and 
L . N . Leum , Advances in Chem. Ser., No. 5, 70 (195 1); (b) F. G . C ia ­
p etta  and J. B . H unter, Ind . Eng. Chem ., 45, 147 (1953); (c) F . G . 
C iapetta , U. S. Paten t 2,051,598.

(8) V . Hacnsel and G . It. D onaldson, In d . Eng. Chem., 43, 2102 
(1951).

(9) P. B . Woisz and E . W . Sw egler, Science., 123, 887 (1057).

(10) V. Ilacnsel, U. S. P a ten t 2,023,800.
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T a b l e  I

Cat a r.YST Citaka« tfauzatk >n

Oat.
no. Support.

I’t eonon. 
(wt„ %)

Cl eonon. 
(\vt.. %)

Surface
area

(.SI|. Ill./ff.)

Doliyd. act.,'' 
¿uinolc/g./ 

sec.

Isom. act.J' 
jumole/g./ 

sec.

1 AWY 0.59 0. 15 430 4000 1 . 1
2 A id)/ . 5f> .09 410 3700 1.4
3 A id)/ .59 .01 180 1200 0.0
4 A id)/ .35 .35 350 400 1.2
5 AldV .49 1.0 90 1000 0.8, 0.9
6 SiO.,-AIdV .47 390 1700
7 Cat. no. 0 treated with 0.5 M  K2C 03 370 700
8 SiCV 0.47 080 1200
9 Act. C 0.50 1080 50

a Cyclohexane dehydrogenation activity. * p-Xylene isomerization activity. * Mostly eta AbOs. 4 F-10 Al-»():t. * 10% 
A120 3. f  0.07% A1,03.

Experimental
Materials.—Mntheson C.r. «.-butane (>99.8%) and 

Stuart Oxygon Co. deuterium (>00.5%) were used without 
further treatment. Phillips pure grade cyclohexane and p -  
xylene were' each percolated through silica gel before use. 
Ilydrogcn was passed through Deoxo cylinders (palladium 
catalyst) to convert tract's of oxygen to water, and then 
dried over silica gel.

The douteriolmtane was made by reaction at 310° and 1 
atmosphere of 3 moles of deuterium with each molt; of n -  
1 >utane over the more active catalysts of this study. Space 
velocities were the same as those* of the experiments re­
ported below. The reaction product was frozen at liquid 
nitrogen temperatures, after which the non-condensable 
hydrogens were removed by evacuation. The remaining 
solidified butanes were gasified, refrozen, out-gassed and 
regasified. The charge for the butane-deuteriobutane ex­
periments was made by dilution of 1 volume of the resulting 
deuteriolnitanes with 3 volumes of n-butanc.

The catalysts (Table I) were made by impregnation of the 
supports with aqueous chloroplatinic acid. The potassium 
"poisoned”  catalyst7“'11-12 was made by treating catalyst 
no. 6 with an equal volume of 0.5 M  aqueous K2CO$ at room 
temperature for 30 min., filtering, washing and drying over­
night at 280°. Each catalyst was reduced in flowing hy­
drogen at atmospheric pressure for 2 hours at 232°, 2 hours 
at 510°, and (for deuterium exchange reactions) overnight 
at 482° in place in the reactor.

Procedures.—Four kinds of hydrocarbon reactions were 
carried out; the two main types of deuterium exchange 
reactions and two indicator reactions, cyclohexane dehydro­
genation to benzene and p-xylene isomerization.

The exchange reactions were carried out in an all-glass 
semi-automatic flow type apparatus. Premixed charge gas 
was displaced from a calibrated thermostatecl buret by mer­
cury from a levelling bulb. This bulb rested in a harness 
which was raised at a constant speed by a cord winding on 
the spindle of an electrically driven “ Zero-Max”  torque 
converter. Charge rate depended on the setting of the 
torque converter and was reproducible to about ± 4 % .

The charge gas passed into a conventional spiral pre­
heater (3 ft. of 1 mm. i.d. capillary tubing) and reactor 
tube (6/ic in. o.d. tubing). The bottom 8 cm. of the re­
actor contained the 2.0 cc. of 40/60-mesh catalyst. Pre­
heater and reactor were together heated in thermostated 
(±0 .5 °) oil- or lead-baths.

Product gases passed from the reactor through about 2 
ft. of unheated capillary tubing (2 mm. i.d.) into the top of 
a thermostated calibrated buret. This receiver was in­
itially filled with mercury which could run out of it through 
a valve actuated by an “ Asco”  solenoid. The electrical 
circuit which operated the solenoid was made and broken 
by a manometric constant pressure regulator connected to 
the reactor. Thus, flow out. of the reactor into the receiver 
was controlled by the pressure regulator. Pressure was

(11) A . P. B ailed , I. V . P atscvich , A . S, Feldm an and A . V . Frost,
D o k la d y  Akad. N a u k , U .S .H .K ., 78, SO!) (1951); (■■ A ..  45, 7801
(1951).

(12) M . O. Baker, S. D . Cliestm int and T . P. W eir, Jr., T in s  Joirn-
n a j „  52, 1304 (1948).

constant to within ±  1 mm. of mercury during an experi­
ment.

Just before an experiment, hydrogen was evacuated from 
the reactor and replaced by charge gas. The first. 30 to 40 
cc. of product gas was discarded, then two 30 to -10 cc. 
product-samples were taken for analysis and, finally, re­
sidual reaction gas was evacuated and replaced with flowing 
hydrogen. Normally, three such experiments were done 
in one day, the earlier being at the lower temperature. At 
the end of the day any given catalyst sample was discarded. 
These arbitrary procedures almost eliminated the appear­
ance of “ erratic”  results; those which persisted are re­
ported.

The two indicator reactions were carried out in bench- 
scale high pressure equipment. For cyclohexane dehydro­
genation, 350 p.s.i., 399°, 4 moles of hydrogen per mole of 
cyclohexane charge, and a liquid hourly space velocity of 
5000 were used, giving conversions generally below 5%. 
For xylene isomerization, 175 p.s.i., 482°, 4 moles hydro­
gen per mole of p-xyleno charge, and a space velocity of 100 
gave conversions from 1 to 20%. Further details are given 
elsewhere.13

For these two indicator reactions, catalyst activity was 
characterized by reaction rate at conversion levels well below 
equilibrium values. Dehydrogenation activity is reported 
as micromoles of benzene produced per second per gram of 
catalyst after correction to eliminate effects of diffusional 
limitations on reaction rate. p-Xylcno isomerization ac­
tivity is in micromoles of isomers per second per gram. 
The repeatability of each is ±10% .

Mixtures of xylene isomers were analyzed by infrared 
absorption; all other reaction products, by mass spec­
trometry .

Equilibrium
Reaction of Deuterium with «-Butane.— Ideally, 

the reaction of an equimolar mixture of «.-butane 
and deuterium would be

n - C 4H , 0 -I- D *  n - C J I s D  +  H I )

Tn practice, however, all deuteriobutanes and all 
hydrogen isotopes are produced to some extent.

Equilibrium in this system may be considered as 
a combination of three simpler equilibria. First, 
there is an equilibrium with respect to introduction 
of deuterium atoms into butane. It is indexed by 
the proportion of the total deuterium atoms of the 
system which appear in the deuteriobutanes, the 
remaining atoms appearing as deuterium mole­
cules or hydrogen deuteridc. Secondly, there is the 
equilibrium among the various deuteriobutanes. 
Thirdly, there is an equilibrium among the hydro­
gen isotopes.

Each of these equilibria has been considered in
(13) C . G . M yers and G . W . M unns, Jr., Tnd. K ny. Ghent., 50, 

1728 (1958).
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C4Hi0:D 2 =  1 :: 1; 125° ; 1  atm Pt/SiOr-Ahflb
Àv. residence time (sec.) 5.5 5.5 8 . 0 8 . 0 18.3 18.3 27.9 27.9 50.2 50.2
Compn., mole % a a a a a d b

h 2 41.7 41.9 41.8 41.7 41.7 41.9 41.7 41.2 41.7 41.8 0 41.69
HD 7.8 7.7 7.8 7.9 8 . 0 7.7 7.9 8.3 7.9 7.8 O 7.88
d 2 0.5 0.4 0.5 0.4 0.4 0.4 0.4 0.5 0.4 0.4 0.43
R-C4H10 7.7 7.8 7.6 7.5 8 . 0 7.8 7.6 7.8 7.5 7.5 15.3
n-C4H9D 15.6 15.4 15.2 15.4 15.6 15.5 15.2 15.4 15.5 16.1 30.5
n-C4H8D2 14.0 14.5 15.0 14.6 14.5 14.5 14.5 14.4 14.7 14.5 29.1
ft-C4H7D;S 8.3 8 . 1 8 . 2 8.3 8 . 0 8 . 1 8.4 8.3 8.3 8 . 0 17.3
n-C4H6D4 2.9 3.3 3.2 3.2 2.9 2 . 8 3.3 3.1 3.2 3.1 6 . 2

n - C J i s D , 0 . 8 0.9 0 , 8 0.9 0.9 1.3 0.9 0.9 0.9 0.7 1 . 6

n-C4H4D6 .04 .04 . 1 . 1 . 1 0.04 . 1 . 1 . 1 . 1 tr.
Atom wt. of D combined

in
IIydrogens/ 1 0 0  mole 8 . 8 8.5 8 . 8 8.7 8 . 8 8.5 8.7 9.3 8.7 8 . 6

gas 'co A
Butanes/100 mole gas 85.3 86.4 87.2 87,4 85.3 86.5 87.7 8 6 . 6 87.7 85.6 +->c3 O

Fraction of total D in m

Hydrogens 0.093 0.090 0.091 0.090 0.093 0.089 0.090 0.096 0.090 0.092
Butanes 0.907 0.910 0.090 0.910 0.907 0.911 0.910 0.904 0.910 0.908

a Second of two successive samples. 5 Calculated using ju =  0.0437—see text.

the literature of exchange between paraffins and 
deuterium over films of transition metals. To 
check for consistency with the literature, the five 
experiments of Table II were made with the plati­
num-silica-alumina catalyst at 125° and at aver­
age residence times varying from 5 to 50 seconds. 
Two successive samples were taken during each 
run. The analyses of these 10 samples are the 
same within analytical repeatability (±2 .5% ). 
Clearly, the gas composition of Table II is time- 
independent when approached from a 1 : 1  mixture 
of deuterium and n-butane. To show that this is 
an equilibrium composition, it would also be neces­
sary to obtain it from the corresponding mixture of 
deuteriobutanes and hydrogen. This was not at­
tempted. Rather, the complete agreement which 
is shown below with the pertinent literature was 
considered justification for taking the compositions 
of Table II to represent equilibrium.

1 . Introduction of Deuterium into the Butanes. 
—For the experiments reported in Table II, 90.8 ±  
0 .2 %  of the deuterium atoms of the system had 
become combined in the butanes, the remainder 
being in the hydrogen isotopes. Farkas4b deter­
mined that the ratio of H atoms to D atoms in the 
hydrogens divided by that ratio in the butanes lies 
between 1.89 and 2.43 at equilibrium. From the 
averaged data of Table II, the experimental ratio 
is 2.19.

H /D  in hydrogens [2(50.02) — 8.741/8.74
H /D  in butanes “  [10(49.98) -  86.57j/86.57 ~ A L

Thus, the experiments produced equilibrium in 
this respect. Moreover, the value of 2.19 is close 
to that of 1.91 calculated by Wirtz14 on the basis 
that all of the hydrogen atoms of the butane mole­
cule enter into the exchange.

2. Equilibration among the Deuterated Bu­
tanes.—Kemball20 found the distribution of the 
various butanes in the equilibrium products to be

(14) W irt*, Z. Elektrochem ., 4 3 , 062 (1937).

statistical. That is, they match those calculated 
by probability methods15 16 assuming that (1 ) all ten 
positions occupied by hydrogen atoms in n-butane 
are equivalent, (2 ) a deuterium atom is equivalent 
to a hydrogen atom, and (3) these factors and 
charge composition determine equilibrium com­
position. This statistical method was used to cal­
culate the equilibrium composition to be expected 
in the butane portion of the reaction products from 
the equimolar butane-deuterium mixture (Table 
II, column 11). Clearly, the distribution of the 
deuteriobutanes in the experimental products 
matches the equilibrium distribution.

3. Equilibration among the Hydrogen Isotopes. 
—The third equilibration to be considered is that 
among the hydrogens.

H* +  D2 2 HD
It has been thoroughly studied; the literature is 
summarized by Kirshenbaum. 15

Following the method of Twigg, 17 the equilib­
rium constant may be expressed as a function of 
the total content of deuterium (both combined and 
uncombined) in the hydrogen fraction of the prod­
uct gas. Thus, if n is the total mole fraction of D 2 
(both combined and uncombined) in the hydrogen 
fraction from the butane-deuterium reaction, and if 
fti is the mole fraction of component i

m — VîTChd +  nx)2 and 
0-5 — ^2 1l\ = «Hî +  VittHD +  M-

because half of the product gas was hydrogen iso­
topes. At equilibrium

_ w2hd
(0.5 — ¡1 — 0.5rhd)(m — 0.5rhd)

(15) T . I . T a y lo r, "H ydrogen  Isotopes,”  in P . I i. E m m ett, “ C a ta l­
y sis ,”  V ol. V , Reinhold P ubl. C orp., N ew  Y o rk , N. Y .,  1957, p. 354.

(16) I . Kirshenbaum , "P h y sic a l Properties of H ea v y  W a te r ,”  
N ation al N uclear E nergy Series, D iv . I l l ,  4A  (19 5 1). See also 
C. A ., 4 6 , 8443 (1952).

(17) G . H. T w igg, Trans. Faraday Soc., 33, 1329 (1937).
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At 125°, the value of K — 3.48.16 The average 
value of n for the 10 experiments of Table II is 
0.0437. Using these values, the concentration of 
HD to be expected at equilibrium is 7.88 mole % . 
The corresponding concentration of D 2 is 0.43 
mole % . The experimental distribution of the hy­
drogen isotopes in Table II matches this equi­
librium distribution.

4. Comparative Rates of Approach to Equilib­
rium.— The introduction of deuterium into butane 
molecules produces, necessarily, either HD or H2. 
As soon as either is formed, it exchanges with the 
other hydrogen isotopes present in the system. 
The three hydrogen isotopes equilibrate very 
rapidly. Even though very little deuterium and 
n-butane had reacted in some of the experiments, 
upwards of 90% of equilibrium among the hydro­
gens was achieved in all experiments. In most 
cases, complete equilibration among the hydrogens 
resulted.

Next most rapid was the rate of introduction of 
deuterium into butanes. That is, for products 
which were not quite at equilibrium in all respects,
(1 ) the hydrogen isotopes would be completely 
equilibrated, (2) the ratio (H /D ) in the hydro- 
gens/(II/D) in the butanes would equal 2.19, but
(3) the distribution of deuterated butanes would 
not be “ statistical.”  Therefore the slowest of the 
three reactions is the equilibration among the bu­
tane “ isotopes.”

Reaction of Butane with Deuterobutane.—
W -C 4 H 7 D 3  +  7 i - C 4H io  <  >  n -C J I a U L  -f- n - O J I f l D ,  e t c .

Table III presents the product distributions from 
the reaction of the butane-deutcriobutane mixture 
over two active catalysts, platinum on E-10 alu­
mina and platinum on silica-alumina. Each prod­
uct is from the experiment having the longest 
residence time at each of three temperatures in the 
range from 291 to 608°. The distributions agree 
with each other and with the “ statistical”  equilib­
rium distribution (within analytical precision). 
Thus not only is the equilibrium distribution sta­
tistical in this system too, but it is also independent 
of both temperature and type of catalyst support 
in the ranges studied. In fact, the temperature- 
independence of the equilibrium distribution in the 
butane fractions from both reactions—and also in 
the hydrogen fraction17—is a reflection of the 
statistical nature of the equilibration process.

Kinetics
The Reaction of Butane with Deuteriobu- 

tane.—Harris18 developed a generalized equation 
for the rate of an exchange reaction, assuming 
the reaction to be first order in the exchanged 
species (here, deuterium atoms). It was adapted 
by Anderson and IvembalP1 to exchanges between 
deuterium and the light paraffin hydrocarbons. An­
derson and Ivemball found that their data for the 
reactions of deuterium with ethane, propane and 
isobutane over metal films in static systems fitted 
this adaptation of Harris' equation.

Rate constants were calculated from the results 
of the present work using the Anderson and Ivem- 
ball equation

(18) G . M . Harris, Trans. Faraday S o c . ,  47, 710 (1951).

Fig. 1.—Butane-douteriobutane exchange: rate (k a )
determination lor Pt/SiOa-AUOa; 75°, 1 atm.

Fig. 2.—Butane-deuteriobutane exchange: activation
energy determination for Pt/SiOr-AbCL; 1 atm.

— log (P — P co) = /c»i/2.30(Po — Pco) +  constant (I)
Here, t is the average residence time in the catalyst 
bed, and kn is the specific rate of exchange in per 
cent, per second per gram. P, Po and f h  are the 
mole percentages of n-butane in the product gas, in 
the charge gas and in the equilibrium gas, respec­
tively. P and Po were experimentally determined; 
Pco was calculated by statistical methods. This 
treatment expresses concentration in terms of the 
amount of undeuterated butane left in the product 
gas compared with the amount which would be 
found in the equilibrium product. It reduces the 
results of experiments with slightly different charge 
compositions to a common basis.
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T A B L E  III

F.q iti l i b r i u m : B u t a n e  - D e u t e r i o b u t a n e  K x o h a n u e  S t a t i s t i c a l  C a l c u l a t i o n  vs . E x p e r i m e n t a l  D e t e r m i n a t i o n

Catalyst 5 5 5 0 6 6
Charge no. 2 3 5 5 2 2 2 2 3
Temp. (°F.) 293 408 008 291 440 008
Press, (mm.) 758 701 757 758 755 752 l i
GHSV @  STB 08.5 83.5 09.0 70.5 64.0 70.5 A
(hr-” 1) 1 1
Av. res. time (see.) 17. t 12.7 12.0 10.7 15.2 117 OQ O
Compn., mole %

n . 0.5 0.4 0.9 0.9 0.6 1.2 0.1 3.2
HD .5 0.2 0.2 0.1 0.1
d 2 .3
n-CJIio 77.9 78.4 77.9 49.0 49.1 48.9 48.1 48.7 47.8 50.0
w-C4H9 1) 2.8 3.0 5.0 35.3 35.5 35.4 34.7 35.3 34.4 35.9
M-CfflaDj 5.0 4.9 4.2 11.9 11.8 1 1.9 12.0 12.0 11.7 11.6
11-C4H7 I )s 5.5 5.7 4.8 2.5 2.3 2.5 2.8 2.4 2.4 2.2
ii-Cdl«! ti 4.2 4.5 3.7 0.3 0.4 0.4 0.7 0.5 0.4 0 3
n-CffhDr, 2.3 2.3 2.0 0.1 0. 1 0.1 0.3 0.1 0.1 0.02
n-C.1H.tD0 0.8 0.9 0.8 t t t 0.1
n-CAWb .3 0.3 .3 t
n-CJI-.Dg . 1 t . 1

Fiji;. 3.—Bui:inc-(hnitenobutiuie exchange: compensation
('(‘feet, I atm.

Figure I presents the rate determination for the 
platinum on silica-alumina catalyst. The data fit 
the first-order law (equation 1 ) as they must with 
only one species, butane, in the gas phase. (Hy­
drogen isotopes were not produced in the experi­
ments, hydrogen concentrations reported in Table 
II being probably due to uncertainty in analysis of 
these complex deuteriobutane mixtures.) Figure 2 
presents an “ Arrhenius”  plot of the effect of chang­
ing temperature on the rate constant of the butane- 
deuterobutane reaction over the platinum/silica- 
alumina catalyst. The apparent activation energy 
is 18.2 kcal./mole. Apparent activation energies 
and frequency factors (calculated from the Arrhen­
ius equation) for all of the catalysts are listed in 
Table IY. The apparent activation energies and 
frequency factors exhibit the “ Compensation Ef­

fect” 19 in which the log of the frequency factor 
increases linearly with increasing activation energy 
(Fig. 3). As is often the case with multicompo­
nent catalysts such as the ones used here, this ef­
fect may be apparent rather than real. The avail­
able data do not permit ready interpretation. They 
imply, though, that the “ activation energies” of 
Table IY are not at all conceptually simple.

T a b l e  IV
S u m m a r i z e d  K i n e t i c  R e s u l t s  

1 1 i t t a x e - D e u t e u i o b u t a n e  E x c i i a n o e

Cata­
lyst
no.

Apparent 
activation 

energy (li-.,) (kcal./mole)

Bogfrequency 
factor (log z)

Temp.
range
(°0.)

5 20. 1 10.6 75 1.44
0 18.2 10.4 75-144
8 14.3 5.5 230-320
9 13.5 4.0 230-320
2 8.5 4.7 50-150
] 7.0 3.7 50-150
3 5.0 2.4 75 -200
7 5.3 2.0 75 -319
4 4.7 1.6 100 -200

Reaction of Deuterium with Butane.— Kinetics of 
the reaction of equimolar deuterium and »-butane 
are treated in two ways. The first adopts the 
Anderson and Kemball rate equation 1 which has 
already been used for the butane-deuteriobutane 
experiments. Concentration terms are formulated 
as before except that P, P 0 and P « represent mole 
percentages of the butane fraction of the gas only. 
(Thus, in the third column of Table II, P  — 7.6/ 
0.499, Po =  49.9/0.499, and P « is calculated to be
15.0.) Thus, the resulting kinetics are those of the 
slowest equilibration (that among the deuteriobu- 
tanes). This treatment enables direct comparison 
of the kinetics of the butane-deuteriobutane experi­
ments with those of the butane-deuterium experi­
ments.

(19) E . Crom er, “ T h e  Com pensation E ffect in Heterogeneous 
C a ta lysis”  in W . O. Frankonburg's “ A dvances in C a ta lys is ,”  Vol. 
V II, A cadem ic Press, New Y o rk , N. Y ., 19r>f>.
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Fig. 4.—Butane-deuterium exchange: rate (Ar) deter­
mination for Pt/SiOa-AUO*; 75°, 1 atm.

i o 3/ t  ( ° k * ' X

Fig. 5.—Butane-deuterium exchange: activation energy 
determination for Pt/SKA-AhCb; 1 atm.

1. Analogous Characteristics of the Two Sys­
tems.—Figures 4 through 6  and Table Y present 
for the reaction of butane with deuterium the data 
analogous to the results reported in Figs. 1 through 
3 and Table IV for the reaction of butane with 
deuteriobutane. Results for the two systems dif­
fered. First, the catalysts are not lined up the 
same way in the two systems with respect to activa­
tion energy. The obvious distinction between the 
systems is that only butanes contact the catalyst 
in one, whereas butanes and hydrogens must com­
pete with each other for the catalyst surface in the 
other. This may be— but is not necessarily—re­
sponsible for the observed differences. Secondly— 
and in spite of the different ordering of catalysts in

Fig. fi.—Butane-deuterium exchange: compensation effect; 
] atm.

Fig. 7.—Butane-deuteriobutane exchange; GHSV = 
71 hr.-1, press. = 1 atm., non-alumina base catalysts: 
A, catalyst no. 5; ■, catalyst no. 6; □, catalyst no. 7; ▼, 
catalj'st no. 8; V, catalyst no. 9.

the two systems—eight of the nine catalysts were 
more active in the butane-deuterium system than 
in the butane-deuteriobutane system. This is 
shown for the platinum on silica-alumina catalyst 
by comparison at constant temperature of the rate 
constants of Figs. 2  and 5. For the catalysts in 
general, it is shown by comparison of Fig. 7 with 
Fig. 8  and of Fig. 9 with Fig. 10. (Conversion in 
these latter plots is defined by analogy with the 
rate equations.)

%  Conversion = j l̂ — ^J 100 (2)

It would be conventional to ascribe this greater ac­
tivity to ‘ ‘activation”  of the platinum by the extra 
hydrogen of the butane-deuterium system. How-
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Fig. 8.—Butane-deuterium exchange; GHSV = 71 hr.-1, 
press. =  1 atm., non-alumina-base catalysts: A, catalyst 
no. 5; ■, catalyst no. G; □, catalyst no. 7; T, catalyst no. 
8; V, catalyst no. 9.

Fig. 9.—Butanc-dcuteriobutane exchange; GHSV = 
71 hr.-1, press. = 1 atm., Pt/AljO» catalysts: •, catalyst
no. 1; O, catalyst no. 2; a , catalyst no. 3; □, catalyst no. 4; 
A, catalyst no. 5.

T a b l e  V
S u m m a r i z e d  K i n e t i c  R e s u l t s  

B u t a n e - D e u t e r i u m  E x c h a n g e

C a ta ­
lyst
no.

A pparent 
activation 

energy (Bn) 
(kcal ./mole)

Log
frequency 

factor 
(log 2 )

T em p .
range
(°C .)

9 20.0 11.1 230-320
3 17.4 9.5 75-200
1 14.8 9.0 75-200
8 10.4 6.2 75-150
G !().() 6.9 50-100
5 8.2 4.8 100-231
4 8.1 5.2 100-200
7 6.6 3.9 50-150
2 2.8 2.4 100-200

ever, nothing in these data necessarily points in 
this direction.

Fig. 10.—Butane-deuterium exchange; GHSV = 71 hr.-1, 
press. = 1 atm., Pt/AljO* catalysts: •, catalyst no. 1; 
O, catalyst no. 2; a , catalyst no. 3; □, catalyst no. 4; 
A, catalyst no. 5.

Fig. 11.—Butane-deuterium exchange: rate (An) deter­
mination for Pt/SiOr-AljO*; 75°, 1 atm.

2 . Kinetics of the Introduction of Deuterium 
into Butane.—Instead of the rate of disappearance 
of C4H 10 (by reaction either with D 2 or with poly- 
deuteriobutanes), the rate of introduction of D 
atoms into all butane "isotopes”  can be used as a 
parameter of the exchange. From this point of 
view, Kemball20 found that the isobutane-deu­
terium reaction followed the first-order equation

— log (<f> — <t>oo) =  A-j)i/2.303<i>co +  constant (3) • 
10

Here, d> equals J2 (n) (mole %  of C.iH10-»D „). It
71 — 0

measures the total number of D atoms which have 
entered the 50 molecules of butane in each 100 mole­
cules of charge. Its equilibrium value is <t> 
Then ku is the number of_D atoms entering 50 bu-
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tane molecules per unit time per gram of catalyst.
Our data fit this expression; a plot of — log (<t> — 

<i>a) versus t/éa is shown for the platinum/silica- 
alumina catalyst at 75° in Fig. 1 1 . However, since 
residence time was varied by changing space veloc­
ity at constant pressure, the actual order of the 
reaction may be masked by the nature of the “ inte­
gral’ '’ reactor used. 20' 21 A fit of the data to equa­
tion 3 only characterizes the reaction as first order 
if the results include high conversion experiments in 
which the back reaction does not introduce disturb­
ing factors. (The back reaction presents no prob­
lems here because of the simplicity of the system.) 
Most of the determinations of ko include results 
from high conversion (>50% ) experiment. In 
these determinations plots of —log (é — <£<*) 
against t/<f>m also give straight lines. For example, 
Fig. 11 shows that the butane-deuterium reaction 
is first order in the exchanged species over the 
platinum on silica-alumina catalyst.

The rate 2/;d is comparable with kb which is the 
rate of disappearance of butane molecules per 
hundred.

The ratio 2¿;d/&b compares the rate of entry of 
deuterium atoms into butane molecules with the 
rate of disappearance of butane molecules because 
they gain deuterium. That ratio, then, measures 
the average number of deuterium atoms which en­
ter a butane molecule when that molecule collides 
and reacts with a source of deuterium atoms. 
Initially, the only source of deuterium atoms is deu­
terium molecules. As conversion goes up, hydro­
gen deuteride will become an increasingly impor­
tant source—then polydeuteriobutanes will enter 
the picture as yet another source of D atoms. Thus, 
at low conversions of butane to deuteriobutanes, 
the ratio 2 A*d/£ b will measure the number of deu­
terium atoms entering a butane molecule when that 
molecule collides and reacts with D 2 or HD.

The values of 2/cdA b at low conversions are given 
in Table VI for 8  of the catalysts. (No low con­
version data were available for catalyst no. 1 .) It 
should be noted that low conversion values corre­
spond to lower temperatures for more active cata­
lysts than for less active catalysts. A difference 
between the values of 2 /;dA b for two catalysts 
may, therefore, reflect—in general—cither differ­
ences in the temperature coefficients of the rates, or 
differences in the number of D atoms entering a bu­
tane molecule during each reactive collision of bu­
tane with D 2 or HD. Clearly, interpretation of

T a b l e  VI
Av. No. o f  D A t o m s  E n t e r i n g  p e r  E x c h a n g e

C a ta ­
lyst 2ki)/kn

C a ta ­
lyst 2ku/kn

6 4 .3 8 3 .3
4 4 .0 1 2 .0
5 3 .7 9 2 .1
2 3 .7 7 2 .0
3 3 .4

(20) A. O. IIoiiKon and K. M . Watson, "Chmnh-al Process Prin­
ciples,”  John Wiley it Sons, New York, N. Y., 10-13, p. 962.

(21) C . I). Prater and R.. M . Lago, ''T h e  Kinetics of the Cracking of 
Cum ene by S ilica-A lum ina C a ta ly s t”  in W . G . F rankenburg's " A d ­
vances in C a ta lysis ,”  Voi. V i l i ,  A cadem ic Press, N ew  Y o rk , N . Y ., 
1956.

MOL C<,H6 FORMED 
SEC. GM. CATALYST

Tig. 12.—Butanc-deutcriobutane exchange: exchange
activity vs. dehydrogenation activity; GHSV = 71 hr.“ 1, 
press. =  1 atm.

LOG DEHYDROGENATION ACTIVITY  
MOL C6H6 FORMED 
SEC. GM. CATALYST

Fig. 13.— Butane -deuterium exchange: exchange activ­
ity vs. dehydrogenation activity; GHSV = 71 hr.-1, press. 
=  1 atm.

Table VI will not be unambiguous; it will be only 
qualitative at best.

Catalyst Comparisons.— Catalyst activity 
toward either exchange reaction may be expressed 
arbitrarily as the temperature required to give 25% 
conversion under fixed conditions (gas hourly space 
velocity of 71, atmospheric pressure, constant 
charge stock). In either case, conversion, being 
defined by equation 2 , is measured in terms of the 
events in the butane fraction of the gas. As in the 
analogous kinetic treatment, this allows direct com­
parison of catalyst activities in the butane- 
deuteriobutane experiments with those of the 
butane-deuterium experiments.
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/ MOL ISOMERS FORM ED V  
{  SEC. GM. CATALYST /

Fig. 14.— Butane--douteriobutane exchange: exchange 
activity vs. xylene isomerization; GHSV — 71 hr."1, 
press. -  1 atm., Pt/Al2()j catalysts.

/M O L  ISOMERS FORMEDh 
V SEC.GM. CATALYST ) '

Fig. 15. - ■Butane---deuterium exchange: exchange activ­
ity vs. xylene isomerization; GIISV — 71 hr."1, press. = 
1 atm., Pt/A l,03 catalysts.

As was the case with respect to activation en­
ergy, the catalysts are not lined up the same way in 
the two systems with respect to exchange activity, 
thus defined. (Exchange activities may be read 
off from Figs. 7 through 10.) In spite of this, for 
either reaction, exchange activity roughly parallels 
activity of the catalysts toward dehydrogenation of 
cyclohexane to benzene. This is shown in Figs. 12 
and 13. This suggests that the platinum site of the 
catalyst -which is primarily responsible for the 
dehydrogenation activity—also is the seat of the 
deuterium exchange activity. This suggestion is, 
moreover, consistent with the failure of the only 
support tested, silica-alumina, to catalyze the ex­
change even at 320°. (Silica-alumina was chosen 
for this test in view of the observation by Hans­

ford, Waldo, Drake and Jlonig22 and by Ilindin, 
Mills and Oblad23 of slow exchange between ^-bu­
tane and deuterated silica-alumina in one hour at 
200 to 280°. However, several differences exist 
between the types of experiments. In ours, resi­
dence times were less than one minute, and the 
silica-alumina may never have been deuterated by 
the gaseous deuterium.)

These catalysts also vary in “ acidity.”  “ Acid­
ity”  is here quite arbitrarily characterized by the 
rate of isomerization of p-xylene over the catalyst. 
Catalysis of this reaction is customarily explained 
by an ionic carbonium ion mechanism24 which 
probably does not depend on formation of olefin 
intermediates. Therefore, xylene isomerization in­
dexes a kind of catalyst “ acidity”  which should be 
fairly independent of the dehydrogenation activity 
inherent in the cataWsts because of their platinum 
contents.

Xylene isomerization activities are available for 
only the five alumina based catalysts of Table I. 
“ Acid” activities, so defined, are plotted against 
the corresponding butane-deuteriobutane exchange 
activities in Fig. 14. With the exception of the re­
sults with catalyst 4, greater “ acidity”  corresponds 
to greater exchange activity. Catalyst 4, which is 
rather “ acid,”  is not very active toward the ex­
change: its dehydrogenation activity (400) is also 
very low. Presumably, this very low dehydrogena­
tion activity exerts an over-riding depressing effect 
on the exchange activity. Thus, the dehydrogena­
tion, isomerization and exchange data—all taken 
together—suggest that this exchange activity par­
allels dehydrogenation activity primarily, and 
“ acidity” secondarily.

The relationship between catalyst “ acidity”  and 
exchange activity is less clear-cut in the butane- 
deuterium system. Four out of the five platinum- 
alumina catalysts bear the same relative positions 
in Figs. 14 and 15; the one out of line is catalyst o. 
This, interestingly enough, is also the one catalyst 
which was not more active toward the butane- 
deuterium reaction than toward the butane-deu­
teriobutane reaction. It is possible that the experi­
ment with the butane-deuterium mixture over this 
catalyst was in error; unfortunately the equipment 
was dismantled before this matter could be checked.

Finally, granting the difficulties in interpretation 
of Table VI, nevertheless the more “ acidic” cata­
lysts exchanged the larger number of D atoms dur­
ing each reactive collision of D 2 or HD with a bu­
tane molecule. That is, the catalyst prepared with 
the most acidic base, silica-alumina, heads the list. 
Platinum on aluminas, wherein acidity is derived 
from presence of combined chlorine, follow with 
high chlorine content catalysts in the lead. Plati­
num on silica and platinum on carbon bring up the 
rear. Now, the results using unplatinized silica- 
alumina. show that this could not be due to a direct 
contribution of the acid sites to transfer of deute-

(22) R . 0 . Hansford, 1\ G . W aldo, L. C . D rake and R . 10. I Ion A', 
In d . Eng. Chem., 44, 1108 (1052).

(28) S. G . Ilindin, G . A . -Mills and A . G . Oblnd, J. A m . Chem. Soc., 
73, 278 (1951).

(2-D R . C . Hansford, in A . Parkas, “ Physical C hem istry of the H y­
drocarbons,’ ’ Vol. IJ, A cadem ic Press, Now Y o rk , N . Y ., 1958, p. 291.
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rium from one molecule to another. It would have 
to be due to some co-action of the acid sites and the 
platinum sites.
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CALCULATION OF STABILITY CONSTANTS FROM CIIYOSCOPIC 
MEASUREMENTS BY THE PROJECTION STRIP METHOD

B y  F. J. C. R ossotti and  H azel  R ossotti

C o n tr ib u tio n  f r o m  the D ep a rtm en t o f  C h em istry , T h e U n iversity  o f  E d in bu rgh , E d in bu rgh , S cotla n d
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It is shown that the formation curve, n(log a ), for a system of mononuclear complexes may be calculated readily from 
cryoscopic measurements in a constant ionic medium. If N  < 2, stability constants are best obtained from the forma­
tion curve by the projection strip method, which is illustrated by recalculation of Kenttamaa’s cryoscopic data for the sul­
fato complexes of magnesium, nickel(II), copper(II) and zinc. Methods are indicated for calculating stability constants 
for systems in which N  >  2, and the limitations of the cryoscopic method arc discussed.

Introduction
Although acid dissociation constants of aldehydes 

were calculated from freezing point measurements 
over fifty years ago1-- cryoscopy has been little 
used for quantitative studies of equilibria in solu­
tion. Data for solutions of weak electrolytes in 
pure water must be expressed in terms of both equi­
librium constants and activity coefficients. 3 - 5  Even 
if only one complex is formed, the calculated value 
of the equilibrium constant then depends upon an 
arbitrary choice of activity coefficient, 5 and inter­
pretation is even more difficult if two or more com­
plexes coexist. Calculation is simpler if all activity 
coefficients can be taken to be unity, as in studies of 
association of neutral molecules in organic sol­
vents6 - 9  and of ionic equilibria in concentrated sul­
furic acid. 10

Ionic equilibria in aqueous solution are best in­
vestigated in the presence of a large excess of inert 
electrolyte, which keeps the activity coefficients ef­
fectively constant11; changes in the number of sol­
ute species may then be followed by measuring 
changes in a eutectic, or transition point. 12 À 
number of workers13 -1 7  have calculated one, or, at 
the most, two equilibrium constants for data of this 
type, but the relationship between the equations

(1) F. A uerbach, B er., 38, 2833 (1905).
(2) H. von Euler, ibid ., 3 9 , 344 (1906).
(3) M . R andall and C. A llen, J. A m . Chem. Soc., 52, 1814 (1930).
(4) J. S. Johnson and K . A. K raus, ibid., 7 9 , 4430 (1952).
(5) P. G . M . Brow n and J. E . Prue, Proc. Roy. Soc. (London), 2 3 2 A , 

320 (1955).
(6) B. C . Barton and C . A . K raus, J. A m . Chem. Soc., 73, 4561 

(1951).
(7) M . D avies and D . M . L. G riffiths, Z. physik. Chem., (Frankfurt), 

2 , 353 (1954); 6, 143 (1956).
(8) J. A. D avison, J. A m . Chem. Soc., 6 7 , 228 (1945).
(9) N . 15. W hite and M . K ilpatrick, T in s  J o u r n a l . 59, 1044 (1955).
(10) R . J. Gillespie, 15. D . Hughes and C. K . Ingold, J ■ Chem. Soc., 

2173 (1950).
(11) G. Biedcrm ann and L . G. Sidén, A rkiv  Kom i, 5, 125 (1053).
(12) 15. Darmois, B ull. soc. cln'm. Prance, I (1950).
(13) P . H agenmüller, A n n. chim., 1 2 -.6 , 1 (1951).
(14) .). K enttàm aa, Suomen kem iitilehti, 2 9 B , 5 9  ( 1 9 5 6 ) .

(15) J. K cnttam aa, A d a  Chem. Stand., 12, 1323 (1958).
(16) R. Schaal, J. chim. phys., 5 2 , 719 (1955).
(17) P .  Soucliay and R . Sehaul, Bull. soc. chim. Prance, 819 (1950).

used, and the contemporary treatment of mononu­
clear step-equilibria, is not immediately obvious. 
It is shown below that the formation function, and 
hence the stability constants, of a mononuclear sys­
tem may be obtained readily from cryoscopic 
measurements in a constant ionic medium. The 
method is illustrated by recalculation of data15 for 
some sulfato complexes of bivalent metal ions.

Theory
1. Calculation of the Degree of Formation of 

Mononuclear Systems.—'The formation of a mono­
nuclear complex BA„ from a central group B and n 
ligands A in a constant ionic medium may be rep­
resented by the equilibria

13 -f- n A  ̂ ^ BA„ (in (1)
and

IiA.-i +  A ^ ±  BA» En (2)
where charges arc omitted. The equilibrium con­
stants f}„ and K„ are the over-all and stepwise stoi­
chiometric stability constants of BA«, valid for the 
particular ionic medium and temperature. The de­
gree of formation of the system is given by 18

N
E «IBA»] 
o

where B and A are the total concentrations of cen­
tral group and ligand, a is the free ligand concen­
tration, and N  is the maximum value of n. The 
sum, 8, of the concentrations of solute species is 
related to the observed lowering, 6, of the eutectic 
or transition point, and to the appropriate cryo­
scopic constant, X, by the expression

N

S  = OX- < -  A  +  l i  -  E  «IBA»] -  A -b 2*0 -  n )  
o

............. ...........  (5)
(18) J. Bjerrum , "M eta ) Animine Formation in Aqueous Solution,”  

P. Haase and Sons, Copenhagen, 1941.
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Fig. 1.—Calculation of stability constants of nickel sulfate 
complexes in 1.151 molal aqueous potassium nitrate at
— 3.06 ±  0.19°: (a) projection strip of experimental points, 
n , log a, calculated from Kenttamaa’s measurements,16 and 
theoretical formation curve calculated for log 0i — 0.70 and 
log 02 = 1.50; (b) projection strip superimposed on normal­
ized curves log p(log a)n  in position corresponding to log p  =
— 0.50 and Va log 02 =  0.75.

Thus n may be calculated readily from 0 provided 
that A and B are known from the analytical com­
position of the solution, and that X has previously 
been determined (e.g., by means of a completely 
dissociated electrolyte). If the compound B5Ar is 
the sole source of both central group and ligand, 
then A =  rq~lB, and equation 5 reduces to

0\~l = B(rq~l +  1 — n) (6)
Once n has been determined, the corresponding free 
ligand concentration may be calculated from equa­
tion 3, except in the case of such stable complexes 
that n ~  A /B, and a is indistinguishable from zero.

liquations 0  and 6  are only valid in the absence of 
reactions other than ( 1 ) and (2 ). They cannot be 
used if polynuclear complexes are formed in solu­
tion, or if A or B take part in competitive equilibria 
involving protons or hydroxyl ions.

2 . Computation of Stability Constants from
Data n,a.— Since

N

B = E  [BA*] (7)
0

equation 4 may be written
N

E  (?l “  B )0 na n — 0 (8)
0

and the N stability constants ft, da,........., ftv may
in principle be calculated, provided that at least N 
pairs of values ft,a have been determined. Of the 
many methods {e.g., ref. 19-20) which have been

(19) F . J. C . Rossott-i and H. S. R ossotti, Acta Chem. Scand., 9, 
1169 (1956).

(20) L. G . SillSn, ibid., 10, 186 (1956).

described for computing stability constants of 
mononuclear complexes, the most satisfactory are 
those in which plots of experimental functions are 
compared with normalized curves. 20

Systems in which N ^ 2 .— If it is found that 
n ^ 2 , it is possible that N  ^ 2  and that no com­
plexes higher than BA2 are present under the con­
ditions used. If only the first two complexes are 
formed, equation 8  may be transformed to

/  n \ 1
( 2

-  n \

VI -  n ) a \ l - n )

where
a =  02 '/*a ( 1 0 )

Thus n is a function of the normalized variable a 
and of the parameter

V =  0 \02~1/2 =  ( /C l /jR 'i)1/*  ( 1 1 )

which fixes the shape of the formation curve «(log 
0 ). Systems described by two parameters and two 
variables, one of which can be normalized, are best 
treated by the projection strip method. 21 Since 
this device has not yet been used to calculate sta­
bility constants of mononuclear complexes, its ap­
plication to systems in which N  ^ 2  will be de­
scribed in some detail. The family of theoretical 
curves log p (log a)* are calculated from equation 9, 
using a number of convenient values of it. Values 
in the range 0.1 ^ ft ^ 1.0 are shown in Table I, and 
those in the range 1 . 0  ^ n ^ 2 . 0  readily may be ob­
tained using the symmetry relationship

lo g  =  — lo g  a - „ i +rf (1 2 )

where 0  ^ d <  1 .
The experimental formation curve is plotted with 

the same abscissa scale as that used for the plots of 
log p against log a. For each value of n used to cal­
culate the family of theoretical curves, the value of 
log a, together with the experimental uncertainty 
in this value, is marked off on the log a axis (Fig. 
la). This projection strip (log a)n is superimposed 
on the family of theoretical curves, parallel to the 
log a axis, and in such a position that the best fit is 
obtained for all values of n used (Fig. lb). The 
value of log p is then obtained as the ordinate cor­
responding to the best position of the strip. The 
maximum limits of error in this value may be esti­
mated from the vertical distance through which the 
projection strip may be moved, whilst allowing the 
calculated values of (log a)n to remain within the 
experimental uncertainty. The value of da is given 
by the equation

l o g a 0 =  -  V alog 02 ( 1 3 )

where log a0 is the point of intersection of the log p 
axis (log a =  0) with the projection strip. The 
maximum error in x/ 2 log ft is then given by the 
permissible horizontal displacement of the strip.

If N  =  1 , the projection strip will fit the normal­
ized curves for n ^ 1 . 0  for any value of log p above a 
lower limit, log pmin, which depend on the range of 
free ligand concentration over which the plateau 
value n =  1 has been observed. The correct value 
of log ft is obtained from equations 1 1  and 13, re­
gardless of the value of p chosen; an upper limit for 
log da may be calculated from the value of log pmin-

(21) F. J , C . R ossotti, II. S. Rossotti a jid  L . G , Sill^n, ib id .,  1 0 , 203 
(195G).
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Tabus I
T he F am ily  op N ormalized  F unctions log p  ( log a)«

-log a
n =  0.1 n  =  0.2 n =  0.3 n  =  0.4

1.60 0.04.1 0.996 1.230 1.423
1.40 .433 .792 1.028 1.221
1.20 .212 .582 0.818 1.017
1.00 -  .046 .357 .607 0.806
0.90 -  .210 .231 .491 .695

.80 -  .436 .087 .365 .578

.70 -  .808 -  .092 .221 .44.9

.60 --  CO -  .367 .040 .298

.50 -1 .102 -  .231 .102

.40 —  OO -  .961 -  .213

.35 —  CO -0 .521

.30

.25

. 2 0

.15

. 1 0

.08

.05

.045

.04

•log p~
n = 0.5 n — 0.6 n =  0.7 n  =  0.8 h  =  0.9

1.599 1.776 1.968 2.202 2.554
1.398 1.575 1.767 2.001 2.353
1.195 1.372 1.565 1.800 2.152
0.987 1.166 1.360 1.596 1.949

.879 1.059 1.255 1.492 1.848

.766 0.950 1.147 1.385 1.741

.645 .834 1.035 1.275 1.632

.509 .707 0.914 1.159 1.519

.345 .561 .779 1.032 1.398

.120 .380 .617 0.884 1.261
-  .032 .254 .517 .798 1.184
-  .308 .093 .395 .697 1.095
-1 .039 -  .155 .234 .584 0.996
—  CO -  .771 -  .016 .407 .865

—  CO -  .641 -  .147 .693
— CO — . 569 .414

—  CO .223
-  .532 
-1 .184

The family of curves log p (log a)n also may be 
used to calculate theoretical formation curves for 
systems in which ft and ft are known. Values of 
log a corresponding to the appropriate value of log 
p are marked off as a theoretical projection strip for 
a number of values of n. This strip is placed along 
the abscissa of the formation curve so that the point 
log a =  0  on the strip is superimposed on the point 
log a =  V 2 log ft. The points of the theoretical 
strip are then projected back to their ordinate posi­
tions.

Systems in which N >  2.—-Experimental values 
of n >  2  indicate that, in addition to BA and BA2, 
higher species BAn(n ^ 3) are present in appreci­
able concentrations. Higher complexes may also 
be important in cases where a projection strip of a 
formation curve for which n ^ 2  cannot be satis­
factorily fitted on the family of curves log p (log 
a)^; however, other factors, such as experimental 
error, or the formation of mixed or polynuclear 
complexes, also must be considered.

The stability constants for systems in which N >  
2  cannot be obtained from data n,a by direct curve- 
fitting in two dimensions. Data it,a for systems in 
which N  =  3 may be transformed conveniently by 
means of Fronaeous’ integral22

«0-1 =  exp n (l lti a (14)

Fig. 2.—Formation curves of sulfato complexes in 1.151 
molal aqueous potassium nitrate at —3.06 =fc 0.19°. The 
points are calculated from Kenttaraaa’s data,16 and the full 
curves from the best values of the stability constants ob­
tained by the projection strip method (Table II): (a)
Mg(II), A = 0; (b) Zn(II), A = 0.20; (c) Cu(II), A = 0.40.

Calculations
The required values of ft, ft and ft may be obtained Kenttamaa10 measured the effect of concentra- 
simultaneously from the resultant function ao~l(a) tion of dissolved magnesium, mckel(II), copper(II) 
by Sillen’s curve-fitting procedure. 20 If N >  3, and zinc sulfates oil the eutectic temperature, 
the stability constants cannot be calculated simul- -2 .831°, of saturated aqueous potassium nitrate, 
taneously from the functions n(a) or txo~l(a). Data For sulfates of bivalent metal ions, r =  q, A — B 
at high and low free ligand concentrations may be ai)d equations 6  and 3 reduce to 
treated separately, preferably by curve-fitting, and - = 9  _  J_
the approximate constants so obtained refined by 71 ~ " \B ' 0
successive approximations. 20 Alternatively, the an(j 
data ft, a may be treated by the method of success­
ive extrapolations. 19 a =

(22) S. Fronaeous. ‘‘ Komplexs.vstom hos K op par,”  G leerupska F h c  f u n c t i o n s  
U niversitets Bokhandeln. Lund, 1948. tcilliaa S data B ,

B { 1 -  ft) =1,\-V -  A jjTbil “

0 ^ 1$  IA v1! 1
using equations 15 and 10.

t m m  j i d in c m i  n j sjj
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The results for the nickel sulfate system arc shown 
in Fig. la, and those for the other systems are 
plotted in Fig. 2 .

It was found that 0.07 <  ft <  0.43 for all four 
systems, and the functions ft(log a) wore analyzed 
by the projection strip method. As preliminary in­
spection indicated that, in each case, — 1 <  log j> 
<  1 , additional theoretical curves log p(log a)ñ for 
values of ft — 0.15, 0.25 and 0.35 were calculated in 
this range. The resultant family of curves is 
shown in Fig. lb, together with the projection strip 
for the nickel sulfate system, superimposed in the 
position of best fit. The values of the stability con­
stants obtained by the projection strip method, and 
the maximum limits of error, arc shown in Table 11, 
together with the values calculated by Kcnttamaa, 
who obtained fh as the intercept, and & as the slope, 
of the linear plot of (2B — — B)2
against 0 Á-1. From equations 15 and 10, it is ap­
parent that this procedure is identical with that 
used by Irving and Rossotti23 for treatment of the 
data ft,a; the disadvantages of linear plots of this 
type are discussed elsewhere. 20' 23

T a b l e  II
S t a b i l i t y  C o n s t a n t s “  o f  S u l f a t o  C o m p l e x e s  i n  1.151 
M o l a l  A q u e o u s  P o t a s s i u m  N i t r a t e  a t  —3.00 ±  0.19°

Kcnt- Knnt-
T his work tiiii iaa!5 This worlV tárníiíi1»

Mg(II) 0.38 ±  0.07 c CO ] .41 ±  0 .08 1.40"
Ni(II) .70 ±  .04 .69 1. 50 i 05 1.53
Cu(II) .72 ±  .03 .72 1.50 db 04 1.49
Zn(II) .64 ±  .04 .64 1.54 d= ..05 1.56

" On the molal scale. * The \nilue ift == 1 5 :in the origin;
paper15 appears to be a misprint for ft = 25.

The stability constants obtained by Kcnttamaa 
are well within the maximum limits of error in the 
values obtained by the projection strip method. 
The strips fitted the normalized curves satisfacto­
rily over the whole concentration range studied. 
Thus there is no evidence for the presence of higher 
complexes than BA*, as indeed would be expected 
since ft never rises above 0.43.

Discussion
The values of calculated from the depression 

of a eutectic point are stoichiometric stability con­
stants, or concentration quotients, valid only for 
the particular temperature and ionic medium used. 
They depend on (i) the appropriate activity quo­
tient {BA*} / {B} {A}» ,  (ii) the activity coefficients 
of the species R, A and BA„, and (iii) the extent of 
association of the metal ion and ligand with the 
bulk electrolyte. Factors (ii) and (iii) will only be 
constant if the background salt is in considerable 
excess of the metal ion and ligand under investiga­
tion. This condition is not strictly fulfilled in 
Kenttamaa’s work with the potassium nitrate eu­
tectic,1" since the variation (from ±0.03 to ±0.04 
molal in the four systems) of the free metal ion eon-

IT. M, Irving and li. S. Rossotti, J . C h cm . t io c ., TW7 (1!K>3).

centration from its mean value is not negligible 
compared with the concentration (1.151 molal) of 
the background salt. Although it cannot be as­
sumed that the activity coefficients remain con­
stant, the variation is probably not so gross as to 
invalidate the use of Kenttamaa's data to illustrate 
the proposed method for analyzing cryoscopic meas­
urements. Allowance for the formation of metal 
nitrate, or potassium sulfate, ion-pairs (factor (iii)) 
could be applied readily but no attempt has been 
made to eliminate these effects since reliable values 
of the necessary stoichiometric stability constants, 
valid for the same temperature and ionic medium, 
are not available.

Cryoscopy is too inflexible a method to be widely 
applicable to the study of equilibria in solution. 
Measurements in a given medium can only be made 
at one temperature, and, if a salt background is 
used to control activity coefficients, the solutions 
must be saturated with respect to the supporting 
electrolyte. The choice of a background salt is 
limited to those (c.</., potassium chlorate, 15 potas­
sium perchlorate, 11 -1 5  potassium nitrate, 1 3 -1 6  and 
sodium sulfate16-17) which have suitable eutectic or 
transition points. The method is unsuitable for 
studying systems which take part in competitive 
reactions with protons (.e.g., complexes of metal ions 
which are readily hydrolyzed, or of ligands which 
are conj ugate bases < >f weak acids). Although B and 
A are usually varied by changing the concentration 
of the salt B?A,., they may also be varied independ­
ently by adding the appropriate B and A salts of an 
inert anion and cation, respectively; allowance 
must be made for the contributions of these inert 
ions to the total concentration of species present.

In spite of its limitations, cryoscopy is a reason­
ably accurate method for studying complex forma­
tion in a few types of system, provided that ade­
quate mathematical analysis is made of the experi­
mental data. The calculation of the function ft (a) 
from cryoscopic measurements has several advan­
tages over procedures used previously. Inspection 
of the formation curve ft(log a) may indicate the 
number of complexes present, and reveal random 
errors; systematic errors may also be recognized, 
and sometimes corrected for. 20 Coincidence of the 
functions ft (log a) b for several values of B is evidence 
that the system is entirely mononuclear or homo- 
nuclear. If N Z  2 , stability constants may be com­
puted readily from the formation curve by the pro­
jection strip method. This device treats a large 
number of data simultaneously and gives a realistic 
estimate of the limits of error in both di and &. 
It is extremely quick and easy to use. The func­
tion n(a) also serves as a convenient starting point 
for the calculation of stability constants for sys­
tems in which N >  2 .

Acknowledgments.—We are grateful to the Earl 
of Moray Endowment Committee for the purchase 
of a calculating machine and to David Martin,
B.Sc., for computing the functions given in Table I.
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THE WETTING OE INCOMPLETE MONOMOLECULAR LAYERS. II. 
CORRELATION WITH MOLECULAR SIZE AND SHAPE1

B y  L. S. B a r t e l l  a n d  R . J. R uch

Department of Chemistry, Iowa Slate College, Ames, Iowa
Received October 6, 1958

The contact angles of several liquids having the same surface tension were studied on complete and depleted monomolecular 
films of long-chain amines adsorbed on chromium slides. Controlled depletions with benzene or ether were measured 
quantitatively by a polarimetric optical method. Advancing contact angles on close-packed monolayers were all found 
to be roughly the same but, upon depletion, the layers showed an ability to discriminate between liquids of different molecular 
shapes and sizes. Direct observation by the optical method of the tracks of drops receded across monolayers revealed a 
similar distinction. Different liquid molecules exhibited markedly different abilities to enter spaces between adsorbed 
molecules and become an integral part of the film. An interpretation of the results is presented in terms of molecular size 
and shape and the probable structure of the depleted films.

Introduction
One of the most conspicuous properties of ad­

sorbed films on solids is the marked alteration of 
wettability that may accompany adsorption. Al­
though advantage is taken of this property in nu­
merous technical applications, and many studies of 
adsorbed films have been reported, very little quan­
titative research has been undertaken on the rela­
tionship between contact angle and extent of ad­
sorption. The first contribution of this series, 2 on 
the wetting of films of n-octadecylamine by water 
and n-hcxadecane, represents one of the first di­
rect studies ever undertaken of the problem. The 
most striking result observed was that the advanc­
ing contact angle of hcxadecane remained constant 
until somewhat more than one-half of the film was 
depleted, after which the angle dropped abruptly to 
zero as depletion continued. The abruptness sug­
gested that a specific solid-liquid interaction was 
operative, occasioned by the structural similarity 
between the liquid molecules and exposed hydrocar­
bon tails of the adsorbed molecules. At small to 
moderate depletions of the film, the hexadecane 
molecules might enter the holes and play the role 
of the well oriented hydrocarbon chains around 
them. Thus a droplet of hexadecane could not dis­
tinguish a complete from a depleted monolayer un­
til the holes in the film reached a critical size too 
great for the amine molecules to support orientation 
of the anchorless hexadecane molecules all the way 
across them. Beyond this depletion the film would 
have a disordered structure and be wet by hexade­
cane.

The above hypothesis rests upon effects of mo­
lecular orientation which should be strongly depend­
ent upon molecular size and shape. The present 
investigation consists of a series of experiments de­
signed to test the hypothesis with liquids of similar 
surface tensions but substantially different molecu­
lar architecture.

Experimental Details
Monomolecular films of n-octadecylamine and of n-do- 

deoylamine won: formed on chromium plated .slides by ad­
sorption from solutions in n-hexadccano, 0.1%  by weight 
and nearly saturated, respectively. The amines, donated 
by Armour and Company, and n-hexadeeane, purchased 
from the Eastman Kodak Company, were purified as de­

(1) (a) Work supported by The Am erican Petroleum  Institute; (b) 
presented at the 133rd M eeting of the Am erican Chem ical Society, 
San Francisco, California, A pril 17, 1958.

(2) L. S. B artell and R . J. Ituoh, T h is  J o u r n a l , 60, 1231 (1956).

scribed earlier.2*3 Chromium plated steel and brass slides, 
1 "  X 2 .5 ", were cut from commercial ferrotype plates, 
rinsed with pure benzene and flamed gently just before 
using. Other methods of cleaning were tried but none was 
simpler or appreciably more effective.

Adsorption generally was allowed to proceed for a few 
minutes after which the slides could be withdrawn from 
solution, apparently dry. Previous tests2 indicated that 
such films contain a trace of the solvent, hexadecane, equiva­
lent to a small fraction of a monolayer but that this has vir­
tually no effect on the wetting properties of undepleted 
films. Since the hexadecane is immediately extracted dur­
ing the depletion o f films, it can be expected to have no 
significant effect on the present experiments. Wetting 
properties were not observed to depend upon the time of 
adsorption whether it was a few minutes or many hours.

Depletions of monolayers were made by dipping the slides 
into pure benzene or ether. It was found that depletions 
could be stopped at an earlier stage if cold ether were used 
instead of benzene which was used in the earlier study.2 
It is doubtful, however, whether this extra delicacy was 
particularly effective, since the liquids used in measurements 
of contact angles were comparable to benzene in solvent ac­
tion. It was found that butyl alcohol was more effective 
than benzene in dissolving the more firmly adsorbed mole­
cules but that it was difficult to remove quantitatively.

The liquids used in wetting experiments were n-tetra- 
decane, «-hexadecane, 1,3,5-trimethylbenzene and Kel-F 
#3. The tetradecane and hexadecane, both products of 
the Eastman Kodak Company, were purified by treatment 
with concentrated H2S04, dilute NaOH, anhydrous Na2S04 
and percolation through alumina and silica gel. Trimethyl- 
benzene from the Eastman Kodak Company and Kel-F #3, 
supplied through the courtesy of the M. W. Kellogg Com­
pany, were used as obtained.

The liquids were contained in 1-cc. syringes and could be 
advanced onto and receded from the surface with fine con­
trol through hypodermic needles, the tips of which were cut 
parallel to the surface. Along with each liquid a control 
was run simultaneously on an adjacent area of the same film 
using the reference liquid, n-hexadeeane. Advancing and 
receding contact angles of small droplets were measured 
directly using a low power microscope with a filar microm­
eter eyepiece mounted in a graduated rotating object 
holder.

The amount of material adsorbed was measured with an 
optical instrument similar to the ellipsometer described by 
Ho then.4 The setting of the quarter-wave plate was kept 
constant for any particular run. In the calculations of per 
cent, depletion of the monolayers it was assumed that the 
analyzer readings of the optical instrument were a linear 
function of the average amount of adsorbate per area. 
Recent tests with radioactive films have confirmed this as­
sumption to a reasonable degree of approximation.5 The 
instrument was sensitive to a few per cent, of a monolayer.

No attempt was made to control the temperature during 
experiments and it varied from 22 to 25°.

(3) W . C . Bigelow , D . L. P ickett and W. A . Zism&n, J . C o llo id  S e t .,  
1 , 513 (1946).

(4) A. Rot-hen, R ev. S c i . Inslr., 16, 26 (1945).
(5) L. S. Bartell and J. F. Betts, to be published.
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Fig. 1.— Contact angles of n-hexadecanc and n-tetra- 
dccane on depleted monolayer of n-octadccylaminc. Solid 
points represent advancing angles, open points represent 
receding angles.

Fig. 2.— Contact angles of n-hexadecane and 1,3,5-tri- 
methylbenzene on depleted monolayer of n-octadecylamine. 
Solid points represent advancing angles, open points repre­
sent receding angles.

Results
Wetting Experiments.— In order to test the role 

of molecular orientation in the wettability of de­
pleted monolayers of octadecylamine several liquids 
with approximately the same surface tension as the 
reference liquid, n-hexadecane, were selected. At 
20° the surface tensions reported for the liquids 
chosen, namely, n-tetradecane, n-hexadecane, 1,3,5- 
trimethylbenzene and Kel-F #3, are 26.7, 27.6,
28.5 and 28 dynes/cm., respectively. The area per 
adsorbed molecule of octadecylamine in ^unde- 
pleted films was estimated to be about 23 A .2 by 
comparison with Langmuir-Blodgctt films. This is 
somewhat greater than the area of 20.5 A .2 ob­
served for amines in close-packed films on water,6 
possibly because of the inclusion of hexadecane dis­
cussed above.7 The results of the wetting experi-

(6) N. K. Adam, Pror. Roy. Soc■ {London), A126, 520 (1930).
(7 ) O. Levine and W . Zistnan, T h is  J o u r n a l , 6 1 ,  1008 (1957), cite 

evidence indicating that solvent may not be included in adsorbed 
films if true adsorption equilibrium is attained.

ments are illustrated in Figs. 1-3. The exact val­
ues of contact angle as a function of depletion of 
film were not sufficiently reproducible from slide to 
slide to warrant the plotting of all measured values 
for a given liquid on a single curve. Nevertheless, 
the general shapes of the curves of wetting vs. de­
pletion were reproducible, and characteristic curves, 
established by many experiments, are drawn 
through one set of representative experimental 
points for each liquid.

An experiment also was run in which the size of 
the adsorbed molecules rather than the liquid 
molecules was varied. Figure 4 shows the wetting 
of n-dodecylamine by n-hexadecane. Dodecyla- 
mine did not adsorb as compactly as octadecylamine, 
giving an area of about 26 A . 2 per molecule in unde­
pleted films. The first point on the curve in Fig. 4 
was obtained with a droplet nearly saturated with 
dodecylamine to prevent partial dissolution of the 
film.

Direct optical studies of the difference in pene­
tration into films of octadecylamine by the above 
liquids were made and are discussed in the interpre­
tation of wetting results below.

Discussion
Theoretical Considerations.—The wetting of sim­

ple surfaces by liquids can be correlated at least 
qualitatively by means of Young’s equation

7SV — 73 L =  7LV cos d (1)
where 6 is the contact angle of the liquid on the 
solid and the 7 ij are the appropriate boundary ten­
sions. Zisman, in a classic series of experiments, 8 
has shown that on low energy surfaces 6 varies quite 
smoothly as a function of ylv for a given solid, and 
equally smoothly with changes in ysv for a given 
liquid. The implication in terms of Young’s equa­
tion is that, barring specific interactions, interfacial 
tension tends to be a predictable function of the sur­
face tensions of the two separated phases involved. 
A function explicitly asserting this relationship has 
been proposed recently by Berghausen, et al. , 9 and 
in its simplest form is given by

7ab «  7a +  7b — 2('yftyb)1/ 2 (2)
As pointed out by the authors, eq. 2  is derived for a 
model system of such severe simplicity that it can­
not be expected to apply accurately to any real sys­
tem. It is successful, nevertheless, coupled with eq. 
1 , in correlating a great number of wetting experi­
ments at least qualitatively, 10 and its failures in in­
dividual systems help reveal the magnitudes of spe­
cific interactions involved. Such failures, shown,

(8) See, for exam ple, A. H. Ellison and W . A. Zism an, ibid., 68, 260 
(1954), and the articles to which this reference refers.

(9) T. Berghausen, R. Good. G. Kraus. B . P odolsky and W . Soller, 
Technical R eport to A ir Force (contract No. A F  33 (616)-231 U niver­
sity  of C incinnati), l'eb ., 1955.

(10) I t  is interesting to note th at eq. 2 actu a lly  seems to be more 
successful in correlating con tact angles w ith  surface tensions than  in 
deducing interfacial tensions between im m iscible liquids. T h is  m ay 
be due in p art to t-he fact, th at equilibrium  int-orfacial tensions m eas­
ured for liquid liquid interfaces are com plicated b y  so lu bility  effects 
om itted from the model. In wetting experim ents, cn  the other hand, 
the, effective instantaneous boundary tensions for m oving drops m ay 
be unronftiscd by such effects since the rate, of advance of a boundary 
expressed in tim e per molecule traversed m ay be fast com pared with 
relaxation times of the molecules in the solid surface. F or a discussion 
of this principle sec It. S. Hansen and M. M iotto, J. Am. Chem. Soc., 
79, 17G5 (1957).
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for example, in the ability of a solid surface to dis­
criminate between liquids of the same surface ten­
sion in wetting experiments, result from several 
factors, two of the most important of which are as 
follows.

First, deviations will result if intcrmolecular forces 
across an interface fail to approximate the geo­
metric mean of the forces in the separate phases. If 
the forces are exclusively dispersion forces this can 
occur if the sizes of the molecules on the two sides 
of the interface are different. It can occur even 
more strikingly if specific attractions such as hydro­
gen bonds can be formed across the interface. Zis- 
man has demonstrated this type of discrimination 
in many systems. A second factor arises if the sur­
face has a structure with a markedly stronger capac­
ity for orienting some kinds cf molecules than oth­
ers. In the present investigation the discrimina­
tion arising from the second effect predominates 
over the first.

It is appropriate to examine the conditions for 
finite contact angles on adsorbed monolayers. The 
failure of hydrocarbon oils to wet completely the 
hydrocarbon tails of adsorbed fatty molecules was 
first explained by Langmuir11 as being due to the 
difference between “ properties’ ' of surfaces rich in 
methylene groups (liquids) and those rich in 
methyl groups (oriented monolayers). Methylene 
groups, linked together by short covalent bonds, 
concentrate more atoms and hence a greater num­
ber of attractive van der Waals contacts per unit 
area than do the rather widely spaced, bulky 
methyl groups. Accordingly it is clear from a qual­
itative correlation of free surface energy with work 
of cohesion that methylene (liquid) surfaces tend 
to be higher in energy and resist spreading over 
methyl surfaces. It often has been stressed that 
non-wetting requires a dense packing of methyl 
groups. It should be noted, however, that it is not 
the highness of density of surface atoms that re­
duces the wetting but, more importantly, the abil­
ity of the structure to prevent penetration of the 
liquid into the monokiyer. That is to say, if during 
depletion of monolayers, gaps in the layer were 
formed that did not admit liquid molecules, the 
interfacial van der Waals contacts would decrease, 
lowering the solid-liquid adhesion, and the contact 
angle would tend to increase with increased deple­
tion. If, on the other hand, the gaps allowed free 
entry of unoriented liquid, the interfacial van der 
Waals contacts would increase, and the contact 
angle would tend to decrease with increased deple­
tion. It appears that the gaps formed in our ex­
periments always permit entry of the liquid mole­
cules, at least by the time that depletion has be­
come readily measurable. With liquids near the 
critical surface tension for wetting a complete layer, 
therefore, it is only when the penetrating molecules 
in a depleted layer stay in the film and heal over 
the gaps with a “ low energy” end that a depleted 
film can avoid becoming more readily wetted than a 
complete film.

Interpretation of Wetting Experiments.—Tetra- 
decane, with a slightly lower surface tension than 
hexadecane, exhibits a slightly lower contact angle

(11) I. Langmuir, Pub. Am. Assoc. Adv. Sci. (7], Itecent Ado. in 
Surf. Chem. and Chem. Phys., 9 (1939).

Fig. 3.— Contact angles of n-hexadecane and Kel-F #3 
on depleted monolayer of n-oetadecylamine. Solid points 
represent advancing angles, open points represent receding 
angles.

on a complete monolayer. Depletion experiments 
suggest, nonetheless, that it also has a significant 
tendency to orient in the vacancies of depleted 
films, as indicated in Fig. 1 by the relatively small 
decrease in contact angle with initial depletion. 
The resultant surface after entry seems to present 
not too ragged an aspect to the liquid despite the 
fact that tetradecane is not long enough to fill up 
holes completely. Its shortness becomes apparent 
when depletion is continued, for the wetting curve 
is less abrupt than for hexadecane and the critical 
depletion is reached sooner. Perhaps also corre­
lated with its shortness is its greater sensitivity to 
inhomogeneities in depleted films. At intermedi­
ate coverages low contact angles were sometimes ob­
served.

Trimethylbenzene is short and wide compared 
with octadecylamine chains and is unable to orient 
in holes in a monolayer. Kel-F #3 is a polymer 
composed, on the average, of five chlorotrifluoro- 
ethylene units with terminal chlorine atoms. It is 
incapable of favorable atomic registry upon packing
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with hydrocarbon chains and is nearly as unsuited 
for orientation as trimethylbenzene. These mole­
cules present particularly interesting cases because, 
according to Fox and Zisman, 12 alkyl benzenes wet 
surfaces of close-packed methyls most readily and 
halocarbons among the least readily of a wide 
variety of liquids of a given surface tension. -Al­
kanes are intermediate. Figures 2  and 3, extrapo­
lated backwards toward surface packings of methyl 
groups corresponding to those found for crystals of 
long chain hydrocarbons, are consistent with this 
picture. In the present experiments, however, the 
effect of orientation after substantial depletion of a 
monolayer can be seen to swamp the above speci­
ficity of intermolecular forces across the interface. 
This is indicated by a more rapid decrease of con­
tact angle with depletion of film for trimethylben­
zene and Kel-F #3 than for hexadecane.

When the length of the adsorbed molecules was 
altered rather than the length of the molecules of 
the liquid, an even greater change in wetting behav­
ior was observed. On undepleted films of dodecyl- 
amine, a contact angle with hexadecane was ob­
tained approaching that observed on octadecyla- 
mine, providing the hexadecane contained enough 
amine to prevent partial dissolution of the film. 
Bigelow and Brockway13 showed earlier that close- 
packed monolayers of dodecanoic acid on glass are 
as poorly wet even by pure hexadecane as are 
those of octadecanoic acid. Figure 4 illustrates 
how rapidly the ordered surface structure of do- 
decylamine is destroyed by depletion of the mono- 
layer. Even if hexadecane molecules were to ori­
ent strongly in holes in the film, their ends would 
stand above the shorter neighboring dodecyl chains 
and tend to spoil the compact array of surface 
methyls required for poor wetting. An experiment 
suggesting the same conclusion was described by 
Schaefer14 who found lower contact angles of petro­
latum on mixed Langmuir-Blodgett films composed 
of 15 carbon and 20 carbon acids than on films of 
pure 18 carbon acid. It is altogether likely in the 
present case, though, apart from the mismatch 
of length of the molecules, that the dodecylamine 
has a much feebler capacity for inducing orienta­
tion than does octadecylamine, and that this con­
tributes strongly to the difference in wetting 
curves. In our experiments the dodecylamine 
molecules were about 15% less compactly ad­
sorbed than the octadecylamine molecules, imply­
ing a greater disorder in the shorter adsorbed mole­
cules themselves. More direct evidence of the 
greater disorder in the shorter chains has been pro­
vided by Bigelow and Brockway. 13 They showed 
by electron diffraction experiments with adsorbed 
films of fatty acids that the randomness of orienta­
tion of the adsorbed molecules increases sharply as 
the chain length is reduced beneath 18 carbon at­
oms, and that diffraction evidence for orientation 
vanishes altogether for the 12 carbon chain. The 
temperatures in the above experiments were 5 to 
2 0 ° below the bulk melting points of the dodecyl 
derivatives. It is possible, especially for our de­
pleted films, that the monolayers were above their

(12) H. W. Fox and W. A. Zisman, J. Colloid Set., 7, 428 (1952).
(13) W. C. Bigelow and L. O. Brockway, ibid., 1 1 ,  60 (1956).
(14) V. J. Schaefer, T h i s  J o u r n a l , 4 5  , 681 (1941).

effective melting points and were essentially 
liquid-like. The work of Mentor and Tabor15 on 
transition temperatures in monolayers is compati­
ble with this view.

A possible model for explaining the discrimina­
tion of a depleted monolayer between various liq­
uids is one in which depletion of monolayers leaves 
more or less independent vacancies the size of single 
alkyl chains. Such vacancies would show strong 
selectivity in admitting molecules of the liquid. It 
is much more probable, however, that film struc­
ture is determined kinetically and that depletion 
starts from a limited number of ‘ 'nuclei”  which rap­
idly grow into depleted patches very much larger 
than the size of molecules. The activation energy 
of removing long chain molecules must be less at 
the edge of bare patches than in intact regions 
where molecules are hemmed in on all sides by 
neighbors. It is clear from many lines of evidence 
that the lateral cohesion of neighboring chains to 
each other is large. When adsorbed films of octa­
decylamine are severely depleted they still give 
electron diffraction patterns characteristic of com­
pact clumps of molecules cooperatively holding 
each other upright rather than patterns of sparsely 
distributed independent molecules. It is reason­
able to conclude then that during depletion the 
further depletion around existing holes soon pro­
ceeds faster than the depletion associated with mak­
ing new holes. This implies that the holes in de­
pleted films are so large that they cannot induce 
orientation of liquid molecules solely by virtue of 
their geometric shape. In the second model of 
film structure, then, the importance of the natural 
capacity of the liquid molecules to orient, given a 
meager framework, overshadows the orientational 
effect induced, as in the first model, by simple pene­
tration of long, thin molecules into long, thin holes. 
Lending support to the hypothesis that long chain 
hydrocarbons may orient easily on surfaces in a di­
rection perpendicular to the surface is an observa­
tion16 by electron diffraction that very thin films 
of n-hydrocarbons with eighteen or more carbon 
atoms naturally assume this orientation. This is in 
contradistinction to a large body of literature in 
which it is conjectured that hydrocarbon chains 
must lie down on surfaces. The essential key to the 
problem undoubtedly lies in the cooperative interac­
tions of the chains which are capable of holding to­
gether groups of upright molecules. Advantage 
may be taken of the low surface energy of methjd 
groups in this packing arrangement.

Observations of Penetration into Monolayers.— 
Additional evidence of the ability of adsorbed films 
to discriminate between various kinds of liquids was 
afforded by the optical method. Indeed, it is dif­
ficult to conceive of any other way all of the follow­
ing phenomena could have been detected. The 
optical method permits instantaneous observations 
and rapid measurements of local surface concentra­
tions of molecules, for example, in the molecular 
wake of a non-wetting droplet being pulled across 
a surface. The interaction of tetradecane, hexadec­
ane and Kel-F #3 with films of octadecylamine was

(15) J. W. Mentor and D. Tabor, Proc. Roy. Soe. {London), A 2 0 4 ,  

514 (1951).
(16) L. S. Bartell and C. L. Sutiila, to be published.
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examined. It was found that all of the liquids 
tended to dissolve virgin monolayers partially, to 
the extent of perhaps 10 to 30% if droplets of the 
pure liquids were pulled across the films. This be­
havior was conspicuous with Kel-F #3 but, curi­
ously, was not visibly apparent with hexadecane if 
measurements were made shortly after the droplets 
were receded. Only after many minutes of stand­
ing did the paths traversed by hexadecane become 
visible as the hydrocarbon, which had taken the 
place of the dissolved amine molecules, evaporated. 
Tetradecane behaved similarly to hexadecane if the 
droplet was left near the region examined, but 
evaporated much faster than hexadecane when the 
droplet was removed.

The effect was striking when droplets were re­
ceded across monolayers that were already de­
pleted by 40 or 50% with benzene. Then the tracks 
of the hydrocarbon droplets stood out boldly against 
the background of the surrounding depleted film 
and gave an optical thickness as great as the origi­
nal film had been before depletion. Kel-F #3 was 
also found to penetrate into holes of depleted films, 
but, in general, it built up the optical thickness only 
to about two-thirds that of an undepleted film.

When optical observations were made directly 
while the drops were moving across depleted films 
it was found that hexadecane not only filled the va­
cancies in the films but that it left a fleeting multi­
layer in the track that rapidly evaporated to the 
monolayer level. No such multilayer was noted 
with Kel-F #3, although its vapor pressure is similar 
to that of hexadecane. It is interesting to note the 
seemingly anomalous implication that the apparent 
adhesion, as inferred from the ease of adsorption of 
multilayers on the film, would appear to be greater 
for the liquid giving the poorer wetting. Whether 
the effect is a kinetic illusion, owing to faster evapo­
ration of Kel-F #3, or real is uncertain.

No lateral diffusion of liquids into depleted areas 
not traversed by the droplets was observed. It is 
probable, nevertheless, that the molecules of the 
liquid penetrate into holes in the film far enough 
beyond the periphery of the drop that the effective 
boundary tension of the solid is one for which holes 
are fairly well filled by adsorbed liquid molecules. 
The transfer of molecules from the drop into de­
pleted areas probably takes place whenever the 
drop edge touches such a region through the spon­
taneous surface diffusion of a liquid-like film into

the bare regions. With the liquids in the present 
investigation the advance into holes bordering the 
drop should be much faster than normal rates of ad­
vance of the bulk drop. Adsorption by transport 
through the vapor phase may be appreciable, also.

To what extent the hexadecane molecules, after 
entering the large holes in a film, diffuse outward 
and form a true two-dimensional solution with the 
adsorbed molecules is not clear. Hexadecane has 
been shown by Void and Void17 to enter liberally 
the three-dimensional lattice of certain phases of 
alkali stearates. In the adsorbed films, however, 
about one-third of the molecules appear to be so 
firmly adsorbed in tight clusters that there is some 
doubt as to whether they would be involved in two- 
dimensional solutions.

Finally, it is to be emphasized that the curves of 
wetting versus depletion presented here are not those 
to be expected in general. Commonly, where wet­
ting is poor, the surface tension of the liquid exceeds 
the effective tension18 of the solid by a substantial 
amount and complete wetting may occur only at 
essentially complete removal of the adsorbed film. 
Such behavior has been recorded with water on 
fatty amines adsorbed on quartz19 and on 
Ft and Cr, 20 and with organic liquids on fluorocar­
bon films. 21 In the present investigation, the 
boundary tensions were delicately balanced, and 
complete wetting occurred at intermediate surface 
coverages. The system was then particularly sensi­
tive to structural effects and revealed clearly the 
discrimination of an adsorbed monolayer between 
liquids of different molecular size and shape.

(17) M. J. Void and R. D. Void, Colloid Sci., 5, 1 (1950).
(18) The term “ effective tension" is used instead of an unqualified 

term such as "free surface energy" to refer the description of wetting 
phenomena to the frame of reference offered by Zisman’s experiments 
on low energy surfaces (ref. 8). When Young’s equation is applied 
to the.wetting of an adsorbed film (which may include significant 
amounts of the contact angle liquid) it is arbitrary whether the inter­
facial free energy between the solid and film is included in the terms 
7 SV and 7 gr, of eq. 1. If it is omitted the resulting 7 3 V may frequently 
be low enough for the ’'effective surface”  probed by the liquid to qualify 
as a low energy surface. Further, the effective tension may not have 
a true thermodynamic meaning. In experiments of the present 
variety, the composition, and hence tension, that is relevant in the 
region of the film being traversed by drop boundary, may be quite 
different from that of a film which lias achieved thermodynamic 
equilibrium with the drop.

(19) A. M. Gandhi, "Flotation," 2nd ed., McGraw-Ilill Book Co. 
New York, N. Y „  1957, p. 269.

(20) R. J. Iluch and L. S. Bartoll, to be published.
(21) J. W. Shepard and J. P. Ryan, Paper No. 41, Colloid Division, 

l.Sltli National ACS Meeting, Chicago, September 11, 1958.
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In continuation to an earlier communication, work has been extended to study the effect of the temperature of preparation 
and of the duration of heating on the activity of magnesium oxide obtained by the thermal decomposition in vacuo of two 
specimens of precipitated magnesium hydroxide, precipitated magnesium carbonate and native magnesite. MgO prepared 
from precipitated Mg(OH)2 or MgCOs behaves like that obtained from brucite, in that the maximum activity is developed 
on decomposition at 350°, whereas the oxide prepared from magnesite at 650° shows maximum activity. Sintering develops 
at higher temperatures and its extent is greater the larger is the surface area of the oxide and the higher the temperature. 
It is suggested that in the dehydration of Mg(OH)2, the development of the surface area is a direct consequence of the re­
action, whereas in the decomposition of MgCOs a process of activation occurs as well, so that the surface area of the product 
increases far more than corresponds to the fraction decomposed. The results are interpreted as a consequence of the inter­
action of three rate processes, namely, decomposition, recrystallization and sintering. It is concluded that the develop­
ment of the activity of the product obtained by the thermal decomposition of different parent materials varies according 
to the mechanism associated with its decomposition.

The surface properties of magnesium oxide pre­
pared by the dehydration of brucite were the sub­
ject of an earlier investigation. 1 In view of the 
controversial results obtained by various authors 
regarding the conditions of maximum activity of 
oxides produced by thermal decomposition2 and 
the variation of activity with heat treatment, the 
work has been extended to the study of oxides ob­
tained by the dehydration of two specimens of pre­
cipitated magnesium hydroxide and the decomposi­
tion of precipitated and native magnesium 
carbonate. Experiments have been confined 
to oxides prepared in vacuo, since the presence of 
air has been found to influence the surface properties 
in a complicated manner. 1 The effect of the tem­
perature of decomposition and of the duration of 
heating at fixed temperatures on the activity of 
magnesium oxide was studied, the activity being ar­
bitrarily measured by the specific surface area as 
determined from the monolayer capacity of ad­
sorbed cyclohexane in the manner described earlier. 1

Experimental
The apparatus, technique and the method of preparation 

of cyclohexane were described earlier.1
Four groups of oxide were prepared by thermal decompo­

sition, in vacuo, of precipitated Mg(OH)2 A and Mg(OH)2 B, 
precipitated MgCOs C and native magnesite MgCOj M. 
Details of the methods of preparation are described else­
where.3 Decomposition temperatures varied between 350 
and 3250°, and duration of heating between 10 min. and 20 
hr. The oxide content of each product is given in the text.

Results
I. Effect of Temperature of Preparation.—The

adsorption isotherms of cyclohexane on the various 
decomposition products obtained from the hydrox­
ide and carbonate of magnesium by heating in 
vacuo for 5 hr. are all Type II of the Brunauer 
classification. 4 The adsorption seems to be purely 
physical in nature, and outgassing at room tem­
perature brings about almost complete removal of 
the adsorbate.

The surface area of the various products has been 
estimated from the B-point of the isotherms, taking

(1) Part I, R. I. Razouk and R. Sh. Mikhail, T h i s  J o u r n a l , 61 < 
886 (1957).

(2) S. J. Gregg, “ The Surface Chemistry of Solids,’ ’ London, 1951.
(3) R. I. Razouk and R. Sh. Mikhail, T h i s  J o u r n a l , 62, 920 

(1958).
(4) S. Brunauer, “ Physical Adsorption of Gases and Vapors," 

Oxford Press, New York, N, Y,, 1945,

the molecular area of cyclohexane as 39 A . 2*5 It 
has been shown1 that estimates of the surface area 
based on the adsorption isotherm of cyclohexane on 
magnesium oxide agree with the values obtained 
from the low-temperature nitrogen adsorption us­
ing the BET method. Table I shows a summary 
of the surface area values of the various oxides pre­
pared by the decomposition in vacuo of precipitated 
magnesium hydroxide and carbonate and of mag­
nesite at various temperatures. It should be 
noted that the decomposition was complete in all 
cases except with precipitated MgCCh C at 350°, 
when the decomposition was 1 .2 %  short of com­
pletion.

T a b l e  I
S p e c i f i c  S u r f a c e  A r e a  o f  M a g n e s i u m  O x i d e  P r e p a r e d  

a t  V a r i o u s  T e m p e r a t u r e s

Parent

Temp, of 
preparation, 

°C.

Mg(OH)j
A.

m.Vg.

Mg(OH)j
B,

m.Vg.
MgCOs MgCOs 

C. M, 
m.Vg. m.Vg.

25 (undec.) 1 89 3 6
350 34 310 426
500 25 280 156 285
050 18 190 73 550
800 121 42 480
950 13 77 28 392

1100 7 13 17 197
1250 54

The results in Table I are shown in Fig. 1 , in
which are plotted also the areas of the dehydra­
tion products of brucite for the sake of comparison. 
It is evident that the oxides prepared from brucite 
and precipitated hydroxide or carbonate behave in 
a similar way. Thus the maximum activity is de­
veloped on decomposition at 350°, and sintering 
soon develops at higher temperatures, its extent 
being the greater the larger is the surface area of the 
produced oxide. However, the oxide prepared 
from magnesite shows a striking difference; for 
here the maximum activity develops when the ox­
ide is formed at 650°, and the temperature at which 
it becomes “ deadburnt”  and thus possesses a very 
low surface area, is distinctly above that for the 
other parent materials. It seems therefore that

(5) N. Smith, C. Pierce and H. Guides, J. Am, Chcm. Soc., 72, 5595 
(1950).
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below 650° there is an activation process while 
above this temperature the ordinary sintering proc­
ess occurs.

It is worth mentioning that although the surface 
area of Mg(OII)2  A is very close to that of brucite 
(about 1 m .Vg.1), yet the maximum surface area of 
the oxide obtained from the latter is about four 
times as much as the value obtained for the oxide 
prepared from the former.

Comparison of the results obtained with the hy­
droxides Mg(OIi)2  A and Mg(OH ) 2 B and their de­
hydration products shows in a striking manner how 
differences in the details cf preparation lead to 
large changes in the surface activity. Thus the 
surface area of the oxide prepared from Mg(OH ) 2 B 
at temperatures between 350 and 800° is about ten 
times as big as that of the product obtained from 
Mg(OH ) 2 A. Even if the surface area of the orig­
inal hydroxide is subtracted from the area of the 
product, the ratio of the two areas still remains 
about 7:1.

It is interesting to note that whereas the various 
oxides experimented with possess surface areas 
which may vary up to 2 0 -fold, variations of the wa­
ter uptake at saturation do not generally exceed 
30%, so that one cannot escape the conclusion al­
ready arrived at by the authors3'6 that the sorption 
of water by magnesium oxide is not merely a surface 
phenomenon but mainly a bulk effect.

II. Effect of Time of Heating.—The effect of 
the duration of heat treatment on the surface area 
of magnesium oxide has been studied using 
Mg(OH ) 2 B, MgCCb M and MgCOs C as starting 
materials.

Figure 2  shows the variation of the specific sur­
face area of MgO B with duration of heating for var­
ious temperatures of dehydration, the time of heat­
ing representing the total time commencing with the 
parent material. The surface area falls sensibly with 
increase of time of heating for the oxides prepared at 
1100 and 950°, but a limiting area is obtained on 
heating the hydroxide for 10 hr. This area is char­
acteristic of the temperature of dehydration, and 
longer heat-treatment does not produce any effect, 
in agreement with the results obtained with dehy­
drated brucite. 1 However, Gregg, Packer and 
Wheatley7 found that the surface area of magne­
sium oxide prepared by the calcination of the pre­
cipitated hydroxide diminishes continuously with 
increase of time of heating over a period of more 
than 300 hr. This difference may be due to the 
varying conditions of preparation of the parent 
material and of its heat-treatment especially with 
respect to the absence or presence of air during the 
decomposition of the hydroxide.

Magnesium oxide prepared at 800 and 050° be­
haves in a similar way, though to a much less ex­
tent, and the surface area falls slightly with increase 
of time of heating, reaching a limiting value after 1 0  

hr. also.
On the other hand, when Mg(OTI) 2 B is dehy­

drated in vacuo at 500°, the surface area of the 
product increases slightly with time but soon tends 
to a limiting value. Thus the area of the product

(6) R. I. Razouk and R. Sh. Mikhail, T ins Journal, 59, G36 (1955)*
(7) S. J. Grogg, P. K. Packer and K. II. Wheatley, J. Cliem. Soc., 40 

(1955).

Temp., °C.
Fig. 1.— Effect of temperature of preparation on the 

surface area of magnesium oxide obtained from brucite, 
Mg(OH)2 A, Mg(OH)2 B, MgCO, C and MgCO* M.

Time, hr.
Fig. 2.— Effect of duration of heating on the surface area 

of magnesium oxide prepared from Mg(OH)> B at various 
temperatures (• , original hydroxide).

of dehydration obtained after heating the hydrox­
ide for 0.5 hr. is 264 m.2/g ., while that of the oxide 
obtained after 5 hr. is 280 m.2/g . However, it has 
been found that shock heating at this temperature 
for 0.5 hr. is not sufficient to bring about complete 
dehydration but results in a loss of 28.7% as com­
pared with the theoretical value of 30.9%. Now if 
the area is corrected for incomplete dehydration it 
rises to 278 m.2/g . which is very close to the value 
of the completely dehydrated specimen obtained 
after 5 hr. of heating.

Similar results are obtained with the product pre­
pared at 350°. Thus when the hydroxide was 
heated for 0.5 hr. at this temperature, it lost 22.4% 
of its weight, and the specific surface area of the 
product was found to be 249 m.2/g . of the dehydra­
tion product, whereas when the area is referred to 
the weight of magnesium oxide actually present, it 
becomes 309 m.2/g . as compared with the value of 
310 m.2/g . obtained with the oxide prepared by 
dehydration for 5 hr. at the same temperature.

It may thus be concluded that in the case of MgO 
prepared from precipitated Mg(OH ) 2 B, the devel­
opment of the surface is a direct consequence of the
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Time, min.
Fig. 3.— Effect of duration of heating on the surface area 

of magnesium oxide prepared from M gC03 M at various 
temperatures.

Decomposition, %.
Fig. 4.— The surface area of magnesium oxide prepared 

from brucite, M g(OH)2 A, Mg(OH)2 B, MgCO* C and 
MgCO;s M as a function of the fraction decomposed.

decomposition of the hydroxide, and that the proc­
ess of sintering becomes sensible only above 650°.

The effect of the duration of heating on the sur­
face area of the product of decomposition of native 
magnesite, MgCOs M, is shown in Fig. 3. It is 
evident that at temperatures above 650°, the be­
havior is essentially the same as that of the dehy­
dration products of magnesium hydroxide, namely, 
that the surface area decreases continuously with 
the increase of the time of heating until a limiting 
value is obtained with the oxide prepared by heat­
ing magnesite for 5 hr.

However, the oxide prepared from magnesite at 
650° represents a special and critical case; for the 
duration of heating has apparently no effect on the 
surface area of specimens heated for periods varying 
between 0.5 and 5 hr. and, under these conditions, 
the oxide possesses the maximum surface area of 
550 m.2/g . H is to be noted that heating for 0.5

hr. at this temperature brings about complete de­
composition of magnesite.

The results of experiments on the products pre­
pared by decomposition at 500° are more interest­
ing. Specimens heated for 0.25, 0.5, 1, 2, 3.5 and 5 
hr. at this temperature and having lost 9.6, 17.8,
26.2, 49.3, 52.07 and 52.20% of their weight as car­
bon dioxide, possess surface areas of 17, 26, 39, 116, 
237 and 285 m.2/g. of the product, respectively. 
These values show that the area increases far more 
than corresponds to decomposition, indicating that 
in the case of magnesite the development of the 
surface is not a direct consequence of decomposition, 
but proceeds either with a slower rate than decar- 
bonation, or develops even after it has ceased. A 
similar increase in the ratio of area to percentage 
decomposition also has been observed by Gregg, 
Packer and Wheatley7 using MgO from Mg(OH ) 2 
and by Glasson8 using CaO from Ca(OH)2.

Precipitated MgCOs C showed the same behavior. 
Thus the products prepared by decomposition in 
vacuo at 350° for intervals of 10 min., 1, 1.5, 3 and 5 
hr. and having lost 9.2, 27, 39, 47.5 and 51.6% of 
their weight possess surface areas of 31, 76, 147, 310 
and 426 m.2/g . of the product of decomposition, re­
spectively; the increase in area far exceeding the 
extent of decomposition.

Figure 4 summarizes the results of the measure­
ments of the surface area of the products of decom­
position of brucite, 1 precipitated Mg(OH ) 2 B, mag­
nesite M gC03 M and precipitated MgCOs C as a 
function of the percentage of decomposition. The 
curves show clearly that in the case of natural and 
precipitated hydroxide, the surface area of the prod­
uct is a direct consequence of decomposition, 
whereas in the case of natural and precipitated 
magnesium carbonate a process of activation takes 
place in the mean time at the lower temperatures 
of preparation.

Discussion
The surface properties of magnesium oxide pro­

duced by thermal decomposition have been the 
subject of many investigations. According to the 
general theory of Gregg for the preparation of ac­
tive solids, 9 the formation of magnesium oxide by 
thermal decomposition may proceed in one of two 
ways. Thus during the decomposition of the par­
ent material, one nucleus of the oxide may first 
form within each crystallite, and then the lattice 
rearranges by growth of this nucleus, a process 
which is a function of both temperature and time. 
Under these conditions, one would expect limited 
activation of the oxide, the development of much 
strain and slight variation of surface area. 10 But 
none of these effects has been observed. Indeed, 
the present investigation reveals that the effect of 
heat treatment is a pronounced variation in the 
surface area, while Thomas and Baker11 could not 
detect the presence of lattice strain in their X-ray 
studies, and even suggested that the line broaden-

(8) D. R. Glasson, ibid., 1506 (1956).
(9) S. J. Gregg, ibid., 3940 (1953).
(10) D. T. Livey, B. M. Wanklyn, M. Hewitt and P. Murray, 

Trans. Brit. Ceram. Soc., 56, 217 (1957).
(11) D. Thomas and T. W. Baker, “ X-Ray Diffraction Studies of 

Active Magnesium Oxide,”  quoted in ref. 10.
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ing given by some specimens of oxide is rather due 
to changes in the particle size.

Alternatively, each crystallite of the parent ma­
terial, immediately on decomposition, may give 
rise to a large number of nuclei, and the original 
lattice collapses as a result of decomposition. The 
development of some lattice strain cannot, how­
ever, be overlooked, especially with specimens pre­
pared at the lower temperatures, when the oxide is 
formed at first in the form of a pseudo-lattice, with 
the ions of M g++ and 0  still occupying the same 
positions that they held in the original lattice. 
Thus Frieke and Liike12 found that the active oxide 
possessed an energy content 67 cal./g. higher than 
the sintered oxide. But the pseudo-lattice has 
probably a short-life existence, since it has not been 
detected by X-ray examination, 13 and this form 
soon collapses to yield a great number of magnesium 
oxide crystallites corresponding to the number of 
nuclei formed in the parent material. This proc­
ess, which is associated with the disappearance of 
the original structure of the parent material and 
the formation of the new lattice of the oxide, may 
be designated “ recrystallization,”  and accounts for 
the activation and the development of large surface 
areas of the products.

Both decomposition and recrystallization are 
rate processes, and the variation of the surface area 
with percentage decomposition is dependent on 
the rate-determining step. When the decomposi­
tion of the parent material is rate-determining, the 
area of the product will be a linear function of the 
fraction decomposed, as in the production of mag­
nesium oxide from precipitated and natural hy­
droxide. On the other hand, if recrystallization is 
the rate-determining process, then further activa­
tion of the product may occur, resulting in an in­
crease of the surface area far more than corresponds 
to the fraction decomposed, and this is the case with 
precipitated and native carbonate. Thus the de­
velopment of activity of the product obtained by 
the thermal decomposition of different starting ma­
terials, varies according to the mechanism associ­
ated with its decomposition.

Accompanying the process of recrystallization, a 
third rate process is of frequent occurrence, namely, 
the growth of the formed magnesium oxide crystal-

(12) R. Frieke and I. Liike, Z. Eleklrochem., 4 1 ,  174 (1935).
(13) R. Sh. Mikhail, Pli.D. Thesis, Ain Shams University, 1957.

lites which is usually called sintering. Increase in 
the grain size of the particles by sintering has been 
illustrated in a striking manner by a set of electron 
micrographs taken by Birks and Friedman14 using 
magnesium oxide prepared from commercial mag­
nesite. Raising the temperature invariably in­
creases sintering until a temperature is reached 
when the oxide becomes “ deadburnt.” The ef­
fect of time is also to increase sintering. The activ­
ity generally diminishes exponentially with time, 
but it has been found in the present investigation 
that a limiting value of the surface area always has 
been obtained for each temperature. It is inter­
esting to note that the oxides which possess higher 
surface areas sinter more rapidly. This may be 
understood in view of the higher surface energy as­
sociated with finer powders, facilitating thus the 
process of surface adhesion and surface diffusion 
which are so important in the process of sintering. ,r> 
Furthermore, two other effects may contribute to 
the easier sintering of finer particles, namely, the 
presence of edge and corner energies16 and the con­
siderable rise in the surface energy due to the screen­
ing effect of the cations and the consequent ap­
proach of the whole structure to a disordered lat­
tice as predicted by Weyl. 17

The net result of the interaction of the three 
above-mentioned processes, viz., decomposition, 
recrystallization and grain growth of the product 
may lead under certain conditions to the appear­
ance of a maximum in the surface area-tempera­
ture curves. Before the maximum is reached the 
first two processes are predominating, whereas be­
yond it sintering becomes more significant.

Finally, the conclusion could be drawn that tem­
perature or duration of heating can no longer be 
arbitrary in the production of active magnesium 
oxide by thermal decomposition. Heating must be 
conducted at temperatures and for periods ensuring 
complete decomposition as well as maximum Activa­
tion and avoiding any sintering effects. The use 
of parent materials possessing large surface areas 
will generally favor sintering at comparatively 
lower temperatures of preparation.

(14) L. S. Birks and II. Friedman, J. Appl. Pltps., 1 7 ,  (187 (I94G).
(15) G. F. Ilnttig, Kolloid Z., 9 8 ,  263 (1942); 9 9 ,  202 (1942).
(16) B. Weissenbach, Itadex-Rundschau, 6, 257 (1951).
(17) W. A. Weyl, “ Structure and Properties of Solid Surfaces,”  

Ed. R. Gomer and C. S. Smith, Univ. of Chicago Press, Chapter IV 
1952.
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DETONATION PROPAGATION IN LIQUID OZONE-OXYGEN
B y  R iley 0 .  M iller

Lewis Research Center, National Aeronautics and Space Administration, Cleveland, Ohio
Reccioed October 26, 1968

Velocities and approximate composition limits of detonation propagation were determined for the liquid 0 3- 0 2 system at 
— 177°. Detonations in vertical tubes were photographed with a rotating-mirror streak camera. Glass tubes, 5 and 8 mm. 
i.d., and stainless steel and lead tubes, 11 mm. i.d., were used. Initiation was either by direct spark or by a 100% ozone 
booster charge. Initial pressure was either 1.5 or 21 plus atmospheres. In general, the detonation behavior was as follows: 
(a) from about 50 to 100% by weight 0 3, Chapman-Jouguet-type propagation was obtained; (b) from about 35 to 50% 0 2, 
propagating reactions were inefficient, or did not occur; (c) below about 35% 0 3, no propagation was obtained. The detona­
tion velocity for 100% ozone was about 6000 m./sec. and varied as the square root of the weight fraction of ozone in the 
mixture. The experimental velocities were compatible with elementary solid state model theory.

Introduction
Liquid ozone detonations are of both practical 

and theoretical interest. The dangerous detonable 
character of liquid ozone has been known for years; 
now engineers need to know how to use it safely in 
rockets and other industrial equipment. Liquid 
ozone detonations lend themselves to analytical 
treatment; the chemistry and physics is simple 
compared to that of other condensed explosives. 
Detonations in liquid ozone, for example, should 
give information on how oxygen behaves at high 
pressures and temperatures. The work described 
here was done to fulfill partially a need for quan­
titative data on these detonations.

Experimental
General Description.— 'The apparatus consisted of a closed 

system for the preparation and concentration of the ozone, 
a detonation tube in which the mixture was made and deto­
nated, and equipment to measure the detonation velocity. 
The detonation tube was submerged in a bath of liquid oxy­
gen contained in a glass refrigerant tube which was inside a 
sealed tank of larger diameter. The tank had two narrow 
vertical glass windows on opposite sides for observation and 
photography of the detonation tube.

In each experiment, the required volumes of pure liquid 
ozone and then oxygen were distilled into the detonation 
tube. Helium pressure, if desired, was applied inside the 
tube and the mixture was remotely stirred and then deto­
nated either by direct spark or by a 100% ozone booster 
charge. The detonation was photographed by a rotating- 
mirror strip camera.

Detonation Tube Assembly.— Detonation tubes of boro- 
silicate glass, stainless steel and lead were used. At the 
bottom of each tube was either a 0.05 mm. spark gap or a 
booster cell separated from the experimental section of the 
tube by a thin diaphragm. The length of the booster cell 
was 3 to 4 cm. and its diameter was somewhat larger than 
that of the tube’s experimental section. At the bottom of 
the booster cell was a spark gap. The walls of the tubes 
were about 1 mm. thick.

The experimental section of all tubes was about 25 cm. 
long. Mixtures were stirred by 1 or 2 steel balls which 
were made to go up and down the length of the experimental 
section by a reciprocated magnet. The stirring time was 15 
to 20 minutes, depending upon tube diameter. In later ex­
periments the tubes were pressurized with helium before 
stirring. The balls were held above the liquitl when not 
being used.

During the experiment liquid oxygen was continuously 
admitted to the refrigerant tube. To prevent the 0 3- 0 2 
mixture in the detonation tube from separating into two 
liquid phases,1 the temperature in the tube was kept at 
about —177° by maintaining the pressure inside the tank 
at 1.5 atmospheres.

Materials.— Tire ozone was made from commercial dry 
oxygen which first was passed through a copper oxide cata­
lyst bed at about 700° to oxidize impurities and then through

(1) C. Brown, A. \V. Berger and C. K. 11 or.si j , ./. Chem. Phys., 2 3 ,  

13-10 (1955); A. C. Jenkins, F. S. Di Paolo and C. M. Birds all, ibid,, 
2 3 ,  2019 (1955).

beds of calcium sulfate and sodium hydroxide-asbestos to 
remove water and carbon dioxide, respectively. The 
ozonator was similar to one described elsewhere.2 Ozone 
and some oxygen were condensed in a glass bulb. The oxy­
gen was later removed at reduced pressure, some being dis­
tilled into a second bulb. These stocks were used immedi­
ately to prepare the mixture in the detonation tube.

The purity of the undiluted ozone probably was greater 
than 99.95%. In computations involving densities of 
liquids at —177° the values 1.554 and 1.117 g ./cm .3 were 
used for ozone and oxygen, respectively. The densities of 
mixtures were assumed to be additive.

Materials in contact with the ozone and oxygen were 
borosilicate glass,stainless steel and fiuoroethylene polymers. 
Before assembly all internal parts were washed with C. p . 
acetone or chromic acid and dried. Before an experiment 
most of the system was treated for several minutes with 
fluorine gas.

In an attempt to reduce initiation of explosion in the det­
onation tube during stirring, a few tenths of one per cent, 
carbon tetrailuoride was added to the mixture in a few of the 
experiments. As indicated by these and other experiments, 
this amount of additive does not measurably affect detona­
tions already initiated.

Helium used to pressurize the tube was first passed 
through a trap cooled to —196°.

Measurements.— In glass detonation tubes the mixture 
composition was measured directly in the tube with a 
cathetometer, the volume of the experimental section hav­
ing been calibrated for this purpose. The accuracy of mix­
ture composition in a glass tube is estimated to be within 
± 0 .3 % .

When metal detonation tubes were used the volumes of the 
liquids were measured prior to distillation into the tube. 
The accuracy of the composition in metal tubes is probably 
within ± 2 .5 % .

The streak photograph was made of a reflected image 
which was adjusted for vertical alignment by a mirror next 
to the tank window. Two pilot lights above and below the 
outside of the tank window were photographed to give a 
length scale and horizontal reference lines on the film.

Measurements of the streak photographs were made 
from the negatives with an optical comparator. Tin; detona­
tion velocity was assumed to be proportional to the slope 
of the leading edge of the detonation streak and the rota­
tional speed of the camera, which was recorded at the time 
the spark was fired. The velocity measurements were in­
fluenced in some cases by the judgment, of the person read­
ing the film. The data reported herein are mid-points of 
maxima and minima of several readings made on each of 
two or more occasions. The reported values are usually 
near the arithmetic mean. The possible error is indicated 
with the data and includes differences in interpretation plus 
an estimate of other experimental error.

Results and Discussion

Streak Photographs.— Straight streaks were ob­
tained from detonations of higher concentrations of 
ozone in both glass and metal tubes. Although 
some light conceivably may have come from sources 
other than the detonation products themselves, a

(2) A. L. Ilerme and W. L. Perilstein, J. Am, Chem, Soc., 65, 2183 
(1943).
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reasonable assumption is that in a steady-state 
detonation the small time delay in excitation of pos­
sible secondary emitters is constant. The slope of 
the leading edge of a straight streak is therefore ac­
cepted to be proportional to a detonation velocity.

Curved streaks, indicating decaying velocities, 
were obtained from some boosted explosions in glass 
tubes at lower concentrations.

2. Composition Limits for Detonation Propagation. 
A. Glass tubes.—The limits for spark initiated deto­
nation is estimated to be about 50% by weight ozone 
(Table I). Five spark-initiated detonations at this 
and lower concentrations definitely did not propa­
gate; another failed halfway up the tube. High 
initial pressure and small diameter probably have a 
repressing effect on detonation from a spark. One 
photograph of pure ozone in a small tube at high 
pressure shows the spark followed by a slow, 
scarcely luminous reaction which suddenly changed 
to a high order detonation at the center of the tube. 
Similar but longer delays may have occurred in the 
small tubes containing 6 6  and 55% ozone.

When the detonations in glass tubes were over­
boosted with 1 0 0 %  ozone, the composition limit 
was indicated to be several per cent, lower and the 
effects of pressure were more apparent. When the 
tube was pressurized to 2 1  atmospheres or higher, 
the steady state was reached quickly or else det­
onation failed completely. On the other hand, at
1.5 atmospheres velocities were initially high and de­
cayed slowly. These slowly decaying reactions 
were considered incomplete because delayed ex­
plosions occurred in the tank several minutes after 
the booster charge was fired. Decaying waves were 
observed in mixtures containing as little as 35% by 
weight ozone. The reaction at 35%, however, was 
very weak, as was shown by the character of the 
glass breakage.

The reason that decay was slow at 1.5 atmos­
pheres may be local heating due to adiabatic com­
pression of tiny oxygen bubbles which reinitiate the 
decomposition of ozone mixtures that are below the 
limit for steady propagation. Conditions are 
favorable for bubbles, inasmuch as the oxygen in 
the mixture is near its boiling point. The bubble- 
initiation explanation is based on other observa­
tions in the literature. 3

B. Stainless Steel Tubes.—Experiments with 
stainless steel tubes corroborated the fact that deto­
nations of decreased efficiency will propagate from a 
booster detonation in mixtures containing less than 
50% by weight ozone. A steady-state detonation 
was obtained in 49% ozone, and mixtures of about 
40% propagated detonations that fragmented the 
steel. The efficiency was less when the initial 
pressure was high. The lower efficiency was indi­
cated by after-explosions and by less fine fragmenta­
tion of the tube.

Mixtures containing 35 to 31% by weight ozone 
did not propagate at initial pressures of 1.5, 28 and 
69 atmospheres. Non-propagation was indicated 
because the tubes from these experiments were not 
fragmented but only splayed at the bottom by the

(3) F. P. Bowden and A. D. Yoffe, “ Initiation and Growth of Ex-
plosion in Liquids and Solids,’ ’ Cambridge Univ. Press, 1952.

EXPERIMENTAL COMPUTED

booster detonation. After-explosions in the tank 
also occurred.

C. General.—The experiments with glass and 
stainless steel tubes show that Chapman-Jouguet- 
ty pe detonations may propagate in liquid ozone-oxy­
gen mixtures containing about 50% or more ozone 
by weight. Both types of tubes also show that at 
lower concentrations less efficient detonations can 
be made to propagate from a stronger booster det­
onation, but at 35 to 30% by weight ozone these 
detonations fail.

The experiments also show that in addition to 
the Chapman-Jouguet-type detonations, there can 
be other modes of decomposition in liquid ozone. 
In one experiment 67% ozone in a stainless steel 
tube was initiated by a booster charge which was 
not in contact with the diaphragm at the bottom of 
the tube. The part of the tube containing the 
liquid was split open by a low order explosion in­
stead of being fragmented as usual. There were 
no after-explosions in the tank. A visible flash 
occurred, but this was not caught on the streak 
photograph. This may have been the same type 
of reaction that sometimes occurred from 
direct spark in the small glass tubes 
when no streak photographs were obtained. Fur­
ther studies of low order explosions in liquid ozone 
may be of practical and theoretical interest.

3. Detonation Velocities.—The steady-state ve­
locities are shown plotted in Fig. 1 against mixture 
composition. One point is included from an ex­
periment in which detonation failed halfway up the 
tube. This velocity was constant to the point 
where detonation ceased, and was considered rep­
resentative of what steady-state velocity would be 
for this composition.

The solid curve which is fitted to the experimental 
data is the parabola

D = 6060VT (1)
where D is the detonation velocity, meters per sec­
ond, and F  is the fraction by weight ozone in the 
mixture. This relation is suggested by the fact 
that the Chapman-Jouguet equations can be 
solved approximately to give an expression4-5
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D ~  <pV8.372 X I03 AFC (2)
where A/i’c is the heat of explosion (cal./g.) and <p is 
a variable dependent upon hydrodynamic and ther­
modynamic relations.

When <p was evaluated for individual experi­
ments it was found to be essentially constant. 
Least squares fits for <p were obtained for several 
cases. Maximum and minimum values of D, indi­
cated in Table I, were used to weight 1) in favor of 
the more precise data. The average values for <p 
were then

(a) Glass tubes, 8 mm. i.d. 2.59
(b) All glass tubes 2.59
(c) Glass and stainless steel 2.60
(d) All tubes 2.65

The latter value of <p was used and equation 1 
results when this is substituted into (2). The heat 
of explosion is represented by an appropriate func­
tion of the composition, AEc =  QF, where Q is the 
heat of formation per gram of pure ozone, cal./g.

The average velocity in 100% ozone in glass was 
slightly less than would be predicted from the ve­
locities at lower concentration. The velocities from 
two experiments with lead tubes were higher than 
the other data at 100%. The latter may reflect 
the influence of greater confinement because of 
greater tube-wall density.6

Various semi-empirical relations for the computa­
tion of detonation velocities exist in the literature. 
Two of the more simple ones have been evaluated 
here for the conditions of the liquid ozone-oxygen 
detonations and the calculated velocities are also 
plotted in Fig. 1 .

The top curve (a) is based on the assumption that 
the products behave as a gas which follows a sim­
plified virial equation of state

vn b b2 b3 b4
- § 77, =  1 +  - +  0.625 +  0.287 ~  +  0.193 ^  (3)nRT v  v 2 V s v 4

where b is independent of temperature and specific 
volume. The value of b is taken to be 0.953, the 
value of the second virial coefficient for oxygen as 
calculated from an imperfect gas model. 4 The 
quantity v, cm.Vg., is the specific volume at the 
Chapman-Jouguet condition. A procedure de­
scribed by Taylor4 was used; the data were com­
puted numerically. Presence of small amounts of O 
and O3 in the product gas was neglected. This 
method has been used with success in predicting 
detonation velocities of several conventional explo­
sives.

The bottom curve (b) is from equation (4), which 
was derived from a solid-state model5

D 2 =  8.372 x  10s 7(7 +  2)Ai£c (4)

The quantity 7  is the Griineisen parameter de­
fined, for example, by v =  a/Vy where v is an aver­
age vibrational frequency in a solid, V is volume, 
and a is a constant. Empirical values of 7  for sev­
eral conventional condensed explosives have been 
evaluated5 and it was found that

(4) J. Taylor, ' ‘Detonation in Condensed Explosives,”  Clarendon 
Press, Oxford, 1952, Ch. VII.

(5) W. II. Andersen and R. B. Parlin, “ New Approaches to the 
Determination of Thermodynamic-Hydrodynamic Properties of Det­
onation Processes,”  Tech. Rep. No. 28, Inst, for Study of Rate Proc­
esses, IJniv. Utah, 1953 (Contract N7-onr-45107).

(6) II. Eyring, el al., Client. Revs., 45, 112 (1949).

T aisias I
D e to n a t io n  P r o pa g a t io n  B e h a v io r

Ozone, %
by wt.

Charge
diameter,

mm.

Initial
pres­
sure,
atm.

Propagation
mode

Detonation
velocity,
m./sce.

Glass: direct spark
100.0 4.8 1.0 Steady 5730 ±  460
100.0 4 .8 28 Delayed® 6040 dh 410
100.0 8 1.5 Steady 5800 =h 150
100.0 8 28 Steady 5810 ±  70
85.0 8 21 Steady 5600 db 60
69.5 8 28 Steady 5100 ±  180
05.6 4.8 1.5 Brisant6
54.6 4.8 32 Less brisant6
55.5 8 1.5 Steady 4500 ±  80
50.7 4.8 1.5 Failed6 4130 ±  100
49.7 8 1.5 None
47.6 4.8 28 None
47.8 8 28 None
39.7 4.8 1.5 None
38.0 4.8 28 None

Glass: ozone booster
48.4 4 .8 1.5 Decaying 6100 to 5600
•18.0e 8 21 Steady 4160 db 140
42.0 4.8 1.5 Decaying 5800 to 4100
11. R 8 28 Failed6 4700 to 4100
37.6 8 1.5 Decaying 5800 to 4800
37.9; 4.8 21. None
35 .47 4.8 1.5 1 lecaying 6700 to 4400
34.3 8 28 None

Lead : direct spark
100.0 11 1.5 Steady 6390 db 100
100.0 11 1.5 Steady 6670 ±  630

Stainless steel: direct spark
100.0 0 1.5 Steady 6060 =fc 190
100.0 11 28 Steady 6110 db 210

Stainless steel: ozone booster
49/ 11 28 Steady 3790 ±  110
41 11 1.5 Brisant6
W 11 28 Less brisant6
35 .11 1.5 None
35 11 69 None
32 11 1.5 None
33 11 28 None
31 11 69 None

° Low order reaction first l/2 of charge. h Detonation 
delayed or non-luminous. c Narrow bright streak stopped 
abruptly halfway. d Approximate initial and final veloci­
ties. e 0.5%  CF« added. 1 0.1%  CRj added.

7 = 0.89/»« -  0.049 (5)

where po is the loading density in g./cm . 3 This 
function was used to obtain the values of 7  which 
were used to construct curve (b).

As shown by Fig. 1 , curves (a) and (b) are widely 
separated at the conditions of the ozone detona­
tions. The experimental velocities fall between 
them. Theory developed for conventional ex­
plosives does not seem to apply per se to the ozone 
data. In its original context, however, the Grun- 
eisen 7  is constant. Now when 7  in equation 1- is 
evaluated in terms of the experimental data (eq. 1 ), 
7  is a constant having a value 1.84.

For comparison an independent value of 7  can
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be estimated from the following considerations. 
Slater7 has derived the following equation from the 
equation of state for a solid at absolute zero and a 
Taylor’s series expansion of the Morse equation

T -  T  + 3 (6)
where re is the equilibrium distance between atoms, 
and a  is the constant coefficient in the exponents of

(7) J. C. Slater, “ Introduction to Chemical Physics,”  McGraw-Hill 
Book Co., Inc., New York, N. Y ., 1939, p. 452 ff.

the Morse equation. It is further shown7 that val­
ues of re and a for several elements are about the 
same in the solid as in the diatomic state. Values of 
7  (eq. 6) for the solids agree with the values from 
the respective diatomic molecules, within 20%. 
Now if 7  is computed from tabulated values of a 
and re for diatomic oxygen, 7  takes the value 1.94 
which is only 5% higher than 1.84 found in these 
experiments. The magnitude and constancy of the 
7  from these experiments is consistent with the 
fundamental ideas of the solid-state model.

EVALUATION OF THE EFFECT OF SECONDARY REACTIONS IN 
CONTROLLED POTENTIAL COULOMETRY
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Controlled potential coulometry i,s an effective tool in studying electrode reactions. When a primary electrode reaction 
is followed by a secondary chemical reaction which regenerates or consumes the electroactive material, the apparent number 
of faradays per mole of reactant is in general a function of experimental variables. This paper presents a mathematical 
treatment or several reaction schemes in which secondary reactions occur. A method for evaluating the true n-value as 
well as the kinetic parameters of the secondary chemical reaction is given.

Introduction
Electrolysis at controlled potential is an ex­

perimental technique which is widely employed in 
the study and elucidation of electrode reactions. 
Experimental determination of n, the number of 
faradays per mole of electroactive material, yields 
the data which allows prediction of the primary 
electrode reaction products. This is of particular 
importance in the treatment of organic substances 
where n  may be larger than three or four. The 
principles and methodology of controlled potential 
electrolysis have been the roughly reviewed by 
Lingane. 1

The interpretation of eoulcmetric data is straight­
forward when integral n  values are obtained. 
Non-integral n  values will in general be obtained 
when there are secondary chemical reactions be­
tween the product of the electrode reaction (or 
substances derived from the primary product) 
and the original electroactive species, or when there 
are secondary chemical reactions leading to the 
regeneration of the electroactive substance. This 
paper presents a mathematical treatment for several 
of these cases. This work is intended to serve as a 
guide for the determination of the true n-value as 
well as for the evaluation of kinetic parameters from 
coulometric data.

Classification.— It is convenient to classify the 
possible reaction schemes in terms of the behavior 
of the reaction product, R. The electrode reaction 
is represented as

C ±  ?te- — >• It
where C is the electroactive material and R is the 
soluble primary product of the electrode reaction. 
It is assumed that only a single electrode reaction 
occurs, thus induced reactions are not treated here.

(1) J. J. Lingane, “ Electroanalytical Chemistry,”  2nd Ed., Inter- 
science Publishers, Inc., New York, N. Y., 1958, p. 222.

In the reactions below, W, X , Y, and Z represent 
electrolytically inert materials.

Case I. R Undergoes No Further Reaction.—
This case, which is most frequently encountered, 
involves only integral values of n; the characteris­
tics of the current-time curves have been derived 
and verified by Lingane. 2 Under these circum­
stances, R is the experimentally observed reaction 
product.

Case II. R Undergoes a Single Secondary 
Reaction.—

(a) R +  Z — >- X
(b) R +  C — Y
(c) R + Z  — > C

Case III. R Undergoes Parallel Secondary 
Reactions.—

(a) R +  W — >  X  
R  +  Z — >  Y

(b) R +  C — >- X  
R  +  Z — Y

(c) R +  Y — > C
R  +  Z ---- >  X

Cases I la and Ilia  are essentially identical to 
Case I, except that the final product is different 
from the primary electrode reaction product. 
Cases lib , lie, I llb  and IIIc are similar in that ex­
perimental n-values will in general be non-integral 
and dependent upon some experimental parameters 
such as (C;), the initial concentration of electro­
active material. Cases lie, I llb  and IIIc are de­
rived under the restrictive assumption of (Z) 
being large enough that d(Z)/d i — 0.

Other cases, such as the occurrence of three paral­
lel reactions or the formation of the reactive in­
termediate R from a slow chemical reaction fol­
lowing the electrode reaction, can be treated by

(2) Ref. 1, pp. 225-229.
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suitable modification of the procedure outlined 
below.

Mathematical Treatment. General Considera­
tions.— Controlled potential coulometry is usually 
performed in a stirred solution with the electrode 
maintained at a potential such that a single elec­
trode reaction occurs. The potential of the elec­
trode is chosen so that the rate of the reaction 
given in equation 1

C ±  ne~ — >  It ( 1)

is controlled by the rate of mass transfer of C from 
the bulk of the solution to the electrode. Under 
these conditions, the rate of the reverse reaction 
is considered negligible.

The current i  is given by equation 2
i  -  nFm[{C) -  (Co)] (2)

where F  is the faraday, (C) is the concentration of 
C in the bulk of the solution, (C0) is the concentra­
tion at the electrode surface, and m  is a constant 
dependent on prevailing mass-transfer conditions. 
Under conditions of the Nernst diffusion layer 
treatment3 m  is A D / 8, where A  is the area of the 
electrode, D  is the diffusion coefficient of C, and 8 
is the thickness of the “diffusion layer.” More 
recent studies4 have defined in in terms of several 
hydrodynamic parameters.

When limiting current conditions prevail, (C0) — 0 , 
equation 2  becomes

i  = n F m (C )  (3)
Current, taken as a positive quantity, is related 

to the rate of consumption of C by

where V is the total volume of the solution and the 
minus sign is affixed because (d(C)/di)eiec. rxn. is a 
negative quantity. Combining (4) and (3) gives 
the rate of concentration change caused by the 
electrode reaction

( f h  -  - K C )  (5)
\ Ufr /dec ,  rxn.

where p =  m/V.
The apparent number of electrons per mole 

?iapp is determined experimentally and is defined as

r  i a tJo , n
re*pp FF[(C 0 -  (C )] w

The following assumptions have been made in 
the derivations given below— (a) the electrolysis 
solution is homogeneous except for the solution at 
the electrode surface, the “ diffusion layer,”  (b) 
volume of the electrolysis solution is large in com­
parison with that of the “ diffusion layer/’ (c) 
where chemical equations are written, any equi­
librium is displaced far to the right.

Case lib.— T h e  o c c u r r e n c e  o f  a  s i n g l e  s e c o n d a r y  
r e a c t i o n  c o n s u m i n g  C

R  +  C i - Y  (7)

will lead to integral values of w°app when /c2 is either 
very large or very small. The symbol n°app refers

(3) W. Nernst, Z. physik. C’hem., 4 7 ,  52 (1904).
(4) Seee.o., B. Levich. Acta Physicochim. U.R.S.S., 1 7 ,  257 (1942).

to evaluation of napp at completion of the electroly­
sis where (C) approaches zero. Similar super­
script notation is used below for (R), (X) and (Y) 
with the same meaning. For /c2 — 0 the reaction 
is essentially identical with Case I and (R°) = 
(Ci) and n°apP = n. When k2 is large, (R°) — 0 
and n °app = n/2. The evaluation below is appli­
cable for intermediate k2 values.

The system is described by the equations5

^  = - v i C) -  fe(R)(C) (8)

&  =  p( o  -  k2( R)(C) (9)

Dividing (8) by (9) and solving for (C) with (R) 
= 0  at i = 0 , letting k2/p = 7 , gives

(C) =  (CO +  (R ) +  -  In [1 -  7(R)J (10)
y

It is convenient to evaluate napp by noting that

J** i di =  nFm (C) di (11)

From equations 9 and 11

P  i di -  nFm f R —  Jo J r = o p —
d(R) nFV

h(R ) In [1 -  t(R )] 

(12)
Substitution of (12) into (6 ) along with (10) 

gives

5 U (R)

(R ) +  -  ln [1 -  7(R )] 
y

(13)

An implicit relation for (R°) as a function of 
(Ci) and 7  is obtained from (10).

(Ro) +  (CO =  — -  ln [1 — 7(R°)1 (14a)
7

A similarity was noted between the ft0app-(Ci) 
dependences of Case lib  and Illb  and it was found 
that equation 14a could be approximated by

(R°) -  ¿ I n  [27(C0 +  1] (14b)

Evaluation of n°app can be done by appropriate 
combination of (13) and (14a) giving the alternate 
expressions

- « U  , m i
n 2 L1 +  ( C l)J (15a)

A / T 1 T(Ci)C " r - o :
j (15b;

The approximate explicit form is

n°app -  \ |l + 2 y (C ijln [2t(Cì) + 1]j• (15c)

It is evident from examination of equation 14a that 
(R°) < 1/7 . Equations 14a and 15a,b predict the 
expected values of n°app for very large and very small 
values of 7 , i.e ., n \ pp — n/2 and n°app =  n, respec­
tively.

(5) The total rate of concentration change is of C
d(C) r d ( o i  

L di _

=  -fc (C )(R )

-  r ^ i  + 1 - .d í  L  d i  Jelectrode L  d i  _jrxn. (7)

[~ d(C)~l
L d í Jrxn. (7)

Combination of these equations with (5) gives (8). Equation 9 is 
derived in a similar manner.
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Figure 1 shows tlie variation of n0app with (CO 
at several values of y. It can be seen that varia­
tion of n°app with (CO will take place at usual con­
centrations, only when 104 >  y >  1. Considera­
tion of the experimental n°app values allows evalua­
tion of 7 .

Evaluation of 7  can also be done from data for 
(R°) or (Y°) as a function of (CO by means of 
equation 14a.

It was not possible to obtain closed-form solu­
tions for (C) and (R) as a function of t. Numerical 
solutions of differential equations 8 and 9 were ob­
tained with the aid of the IBM 650 computer. 
It was found that (C)/(Cj) was a function of the 
parameters 7 (CO and pt. Representative solu­
tions are shown in Fig. 2. Deviations in linearity 
of the log (C)/(Ci) vs. pt plot occur only in the early 
part of the electrolysis.

Case lie.—A single secondary reaction regenerat­
ing C

k,
R + Z — > C  (10)

is the case recently treated mathematically by 
Meites and Moros6 under the assumption of a first- 
order regenerative reaction. The presentation 
below arrives at the same conclusions as those 
of Meites and Moros, but the results are expressed 
somewhat differently to allow comparison with the 
other three cases in this paper. The system is 
described by equations 17, 18 and 19

=  -p (C )  +  fe(R)(Z) (17)

=  p(C) -  A-2(R )(Z) (18)

g li p 1 p (19)

For purposes of this discussion (Z) will be as­
sumed to be present in large excess so that d (Z )/ 
d t <=* 0.

Combining (17) and (19) and solving for (C) 
with the initial condition (C) =  (CO, t — 0 , 
gives

(C) =  (CJ ]  (20)

where 7 ' — /c2(Z) /p.
It is evident from equation 2 0  that at large 

values of t

(C) =  (21)
l +  T

and hence (C) can approach zero only when p > >  
fe2(Z). Thus evaluation of 7 ' can be done b\r de­
termining (C)/(Ci) in situ when the current reaches 
a steady value.

Solution for napp is conveniently done by combi­
nation of (17), (19) and (11)

ttapp =  n [ p p “ y  +  !  _  e - p ( l  +  7 ' )  J  ( 2 2 )

It is of interest that ?iapp is independent of (CO, 
but is time dependent. Variation of napp with time 
under ordinary experimental conditions will be 
noted only when 7 ' >  0 .1 .

Case iilb.—This case concerns the parallel com­
petitive secondary reactions

(6J L. Meites and S. A. Moros, A n a l. C h em ., 31, 23 (1059).

log (CO.
Fig. 1.— Case l ib : dependence of apparent number of 

faradays per mole, n % p vs. logarithm (CO; data for various 
values of y, liter mole-1.

Fig. 2.— Case lib : variation of —log (C )/(C 0  vs. p t  plot 
with variation of y  ( C l). Values of y  (C l) given on plot.

It +  C X

=  -P (C ) -  A,(C)(R)

(23)

(24)

(25)

R  +  Z — >  Y
and is described by equations 25 and 26 

d(C) 
d t

®  =  P { C) -  fe(C)(R) -  /*(Z)(R) (26)

Assuming the concentration of Z is so large that 
it remains essentially constant throughout the 
reaction, and making the stationary state assump­
tion d(R)/d£ — 0

P( C)
(II) = r ,fa (C )  +  k z '

(27)

where kz — /c3(Z).
Introducing (27) into (25) and solving for (C) 

under the initial conditions (C) =  (Ci) at t =  0 , 
gives

<c > -  1K(Ci) + IK I(C ,)!+
(2K(Ci) +  lje^l-Aj (28)

where K = h%/ki.
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pt.
Fig. 3.— Case I llb ; variation of —log (C )/(C 9  vs. pi plot 
with variation of K(Ci). Values of K (Ci) given on plot.

Fig. 4.—Case IIIc: numerical computation of —log (C )/ 
(0-.) vs. pi: 1, (Ci) =  4 mil/, (Y j) =  8 mil/, K ' = 1000 liter 
mole“ 1; 2, (Ci) = 10 mM, (Y i) =  10 mil/, K ' =  1000 liter
mole-1; 3, (Ci) = 1 mil/, (Y i) = 2 mil/, K ' =  1000 liter
mole“ 1; 4, (Ci) =  8 mil/ (Y ;) =  10 mil/, K '  -  100 liter
mole“ 1; 5, (C ;) =  2 mil/, (Y i) =  4 mil/, K ' =  100 liter
mole-1; 6, K ' — 0.

The current decay follows the expression [from 
(3) and (28) ]

i nFm( COe 2pt 
2K(Ci) +  1 (K(Ci) -f  {K2(Ci)2 +  

(2K(Ci) + 1] e1*1 } lA] (29)
This expression can be compared with the equiva­

lent expression for case I 2

i =  nFm(Ci)e~1>l (30)
As K -*■ 0, (Case Ila), equation 29 becomes iden­

tical with (30). As K approaches infinity, equation 
29 becomes

i — 7i/'’m(Ci)e“ 2p£ (31)
since C reacts with R as soon as it is formed.

Figure 3 shows typical current-time curves for 
this case. For K(C0 values larger than approxi­
mately twenty, a log [(C )/(G ) ] vs. t plot is not use­
ful in evaluating K. In the suitable range of 
values K can be evaluated from current-time data

and independent evaluation of p by appropriate 
solution of eq. 29.

Solution for wapp is done by combination of (25), 
(27) and (11)

n \  1 f2K (C) - h i - ]?
n*pp 2 I 2K[(Ci) -  (C )l m L2K(Ci) +  1J \

(32)
and

= n. j± + In [2K(C0 + 1]| (33)

It can be seen that n°apP — n at K = 0, and n0app 
=  n/2 as K -► » ,  as would be expected from the re­
action scheme.

The variation of w0app with (Ci) is approximately 
the same as that shown in Fig. 1 for Case Illb , 
where K values in liter mole- 1  are substituted for 
values of y. Variation of n0app with (CO takes place 
at usual concentrations only when K >  1 liter mole-5.

At the completion of the electrolysis the con­
centrations of X  and Y  are

(X°) =  ~  {2K(C,) -  In [2K(C0 - 1 ) 1  (34)

(Y°) =  ¿ I n  [2K(C9 +  J] (35)

Experimental determination of these quantities 
provides an alternate method of evaluating K.

The stationary state assumption used in the 
treatment requires that (R) be very small at all 
times, or that

fe(C) +  ¿3' »  /(C )  (36)
Thus the range of k2 and h/ that can be examined us­
ing this derivation depends upon the experimental 
choice of p.

Case IIIc.—'The “ catalytic” reaction scheme

k,
li +  Z -----> X  (38)

is described by the equations

= ~ p(C) +  (39)

^  =  /(C )  -  ¿s(R)(Y) -  ¿s'(It) (40)

=  - fe (R ) (Y )  (41)

where fc3' =  /c3(Z), i.e., Z is present in much larger 
quantity than C or Y.

Writing the stationary state approximation for 
(R), i.e., d(R)/d£ — 0

(R) / ( Q _  
fa(Y) +  h ' (42)

substituting it into (39) and (41) and solving the 
two equations gives

(CO -  (C) =  *?-' In (43)

where (Yi) is the initial concentration of Y.
It is not possible to obtain an explicit expression 

for (C) as a function of time. Numerical compu­
tation for a number of cases, Fig. 4, showed that 
(C)/(Ci) is a function of pt, (Yj), (G), and K', 
where K ' =  lc2/k/. It is seen from Fig. 4 that in 
all cases the slope of the log (C)/(C;) vs. pt plot is
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smaller than when no catalytic regeneration occurs.
Evaluation of napp is done by substituting (42) 

into (41), integrating, and substituting into (11). 
The resulting expression is substituted into (6 ) 
along with (43) to give

ft.ipp —
[ (V i) ( V )  +  A ,  lu £ iJ

I
K ' (Von0 J

1 , (Vi) 
K' 1,1 (Y )

(44)

At the completion of the electrolysis where (C) 
approaches zero, evaluation of (Y°) from (43) 
and substitution into (44) gives

«%,. = a ■ I +  [1 -  «- K'(C0| ' (45)

The dependence of n°api) on (Yi)/(Gj) a.nd K' is 
depicted in Fig. 5.

If (Yd is large in comparison to ((.’;)
(C) = (Ci)r ^/ (k” h- n (46)

w here k-/ -  /¿RYj) and K" = //•/. T /, then
n \  „„ = (K" + 1)« (47)

Discussion
At first examination the reaction schemes for 

Cases Jib and illb  appear highly unlikely. It is 
indeed true that the limitation of electrolytic 
inertness imposed on AY, X , Y, Z suggests that the 
indicated reaction schemes will be found only 
infrequently. Most frequent application of the 
derivations for Cases lib  and IIlb  probably can be 
made to organic species, for instance in a coupling 
reaction between R and C. In this case the oxi­
dation (or reduction) of the product of the second­
ary reaction could well occur at a more oxidizing 
(or reducing) potential than the primary electrode 
reaction. This present paper was prompted by 
an experimental study of the electro-oxidation of 
the tetraphenylborate ion in acetonitrile, an 
example of Case l ib .7

The variation of n-values for the reduction of 
picric acid with initial concentration8 may be an 
example of Case lib  or M b . Meites and Meites 
suggest that the dependence of n on the original 
concentration of picric acid is caused by a competi­
tion between further electroreduction of a partially 
reduced intermediate and a chemical rearrange­
ment of the intermediate. The data also could be 
explained in terms of Case l ib  or M b . Numerous 
examples of catalytic electrode reactions, cor­
responding to case lie  or I llc  have been investi­
gated by polarographic techniques. 9 For example, 
in the presence of hydroxylamine, titanium(III), 
from the electroreduction of titanium(IV), is 
chemically oxidized to titanium(IY) by hydroxyl- 
amine. Moros and Meites10 made a coulometric 
study of the reduction of manganese (I I) to man- 
ganese(l) in cyanide media and concluded that 
water was reduced by manganese(I), an example of 
case lie. These same authors6 report evidence 
showing that the reduction of vanadium (IV) to 
vanadium(II) involves catalytic currents or in­
duced currents or both.

(7) I). 11. Cîoske, Tins JotiRNAi., 62, UM',2 (11)50).
(8) L. Moites and T. Meites, .1 nni. C lien t28, 108 (105(5).
(9) P. Delahay, “ New Instrumental Methods in Electrochemistry,”  

Interscicnco Publishers, Inc., New York, N. Y ., 1054, p. 108 ff.
(tO) S- A. Moros and L. Meites, unpublished, see ref, fi.

Fig. 5.— Case JIIc: dependence of n % P on ( Y ; ) / ( C i )  and K '.

The preceding treatment points to three alternate 
methods for determining kinetic rate constants 
(or ratios of rate constants) of the secondary 
chemical reactions. The three types of useful 
information are current-time data, variation of 
ft°apP with (Ci) or t, and quantitative analysis of the 
solution. Selection of the most appropriate method 
will depend on the peculiar characteristics of each 
case. In cases lib  and M b  the true n-value may 
be evaluated directly by extrapolation of n°app data 
to low (Ci), or by extrapolation of n°app values to 
high (Ci) values where n°app = n/2. In case lie  
an extrapolation of napp to zero time gives the true 
n-value, while in case Illc, n°app is obtained by 
extrapolation to zero (Ci).

The range of values of rate constants accessible 
for evaluation by methods indicated above de­
pends upon the particular case. In case l ib  the 
range is dependent on the value of p, which would 
ordinarily range from 1 0 " 1 to 1 0 - 4  sec.-1, hence 
limiting k-i to 1 0 - 4  to 1 0 3 liter mole- 1  sec.-1. 
For case M b  the ratio of rate constants K could 
be obtained over the range .1 to 1 0 4 from n0app-  
(Cj) data.

Whereas treatment of catalytic cases by voltam- 
metric techniques is feasible for values of fc*>(Z) 
larger than 0 . 1  sec.-1, controlled potential coulom- 
otry is concerned with somewhat slower catalytic 
reactions. In case lie, 7 ' can range from ap­
proximately 1 0 - 1  to 1 0 , thus giving a range of 
k,(Z) of 10- 5  to 1 sec.-1.

The accessible range of K' values for case I llc  
depends on (Yi). Since K' is a ratio of rate con­
stants, independent measurement of one of the 
constants is necessary for absolute evaluation of 
the other.

Single secondary reactions too rapid for treat­
ment by cases lib  and lie  may be made acces­
sible by purposely introducing a competing parallel 
reaction and treating the system bv case M b  or 
Illc.

Experimental elucidation of an electrode reaction
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where secondary reactions occur certainly must 
include solution analysis. Clearly, the electro­
chemical data are extremely useful and in certain 
circumstances may furnish kinetic data which 
otherwise would be difficult to obtain. It should 
be noted that where some estimate of diffusion 
coefficient is available the true n-value for a re­
action majr be obtained from polarographic and 
chronopotentiometric data. Since n0app is dependent 
on p at a particular (Ci) value in cases lib  and lie  
and is independent of p for cases I llb  and IIIc an 
experimental means is at hand for distinguishing 
parallel and single secondary reactions.

This treatment has assumed that limiting current 
conditions are in force at the electrode throughout 
the electrolysis. Thus potentiostats whose volt­
age output is so inadequate that limiting current 
conditions are not attained until the electrolysis 
has proceeded for some time, cannot be used in an 
experimental study based on the mathematical 
expressions derived above.

The expressions derived can be applied with 
minor modifications to millicoulometrie determi­
nations, 11 where only a part of the electroactive

material is consumed.
Non-integral n-values alone are not a sufficient 

condition for concluding that the case under con­
sideration is one of the cases discussed here. 
Higher order secondary reactions, induced re­
actions, 6 competing secondary electrode reactions 
or other complex reaction schemes can also result 
in non-integral n-values. For example, Lanza, 
at al.,n report an n of 1.26 in the millicoulometrie 
reduction of phenyl and benzyl thiocyanate. The 
postulated reaction scheme was

RSCN +  e — >  RS- +  C N "
RS- +  »/*H g— > V*Hg(RS), 

y 2H g(RS)t +  e -  — ^  ViHg +  R S -
The n-value was explained by the authors as caused 
by the loss of mercuric mercaptide through diffusion 
away from the dropping mercury electrode.
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(11) R. D. Weaver and G. C. Whitnack, Anal. Chim. Acta, 18, 51 
(1958).

(12) P. Lanza, L. Griggia and G. Semerano, Ricer. Sci., 2 6 , S 230 
(1956).
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Voltammetric and chronopotentiometric studies with platinum electrodes have shown that tetraphenylborate ion in aceto­
nitrile solution undergoes a two-electron oxidation. Controlled potential coulometric data for n°app, the apparent number 
of faradays per mole, varied from 1.02 to 1.8 over the concentration range 1.0 X 10-2 to 8.9 X 10 ~hM. This variation 
indicated that a secondary chemical process was consuming tetraphenylborate ion. A reaction scheme is proposed in 
which the products of the primary electrode process are biphenyl and diphenylboronium ion. A secondary reaction between 
tetraphenylborate ion and hydrogen ion, which is generated by reaction of diphenylboronium ion with the solvent system, 
produces benzene and triphenylboron. Solution analysis data are presented in support of the proposed reaction scheme. 
Reasonable agreement was found between the experimental dependence of n0app on the concentration of tetraphenylborate 
ion and that calculated on basis of the rate of the secondary reaction and the electrode parameter.

In the decade since the preparation of lithium 
tetraphenylborate by Wittig, et al.,1 a voluminous 
literature has accumulated on the chemistry of 
the tetraphenylborate ion (TPB). Nearly two 
hundred literature references are listed in recent 
bibliographies. 2 The bulk of the work has been 
concerned with application of TPB as an analytical 
reagent for various cations, including potassium.

This present study was prompted by the observa­
tion that TPB could be electrolytically oxidized 
at a platinum electrode in anhydrous acetic acid, 
N,N-dimethylformamide and acetonitrile. The 
work reported below was done employing aceto­
nitrile as solvent.

A number of preliminary studies of the homo­
geneous chemical oxidation of TPB have been made 
under diverse conditions. The reaction

(1) G. Wittig. G. Keicher, A. Riickert and P. Raff, Ann., 563, 110 
(19-19).

(2) A. J. Barnard, Jr., Chemist-Analyst, 44, 104 (1955): 45, 110
(1956): A. J. Barnard, Jr., and H. Biiechl, ibid.. 46, 16 (1957); 4 7 , 46 
(1958).

2LiB(C6Hs)4 +  2CuC12 — ^
2CuCl -  2LiCl +  2B(C6H6)s +  (C6H5)

has been reported in ether solution/ Spier4 de­
veloped an oxidimetric method for determination 
of potassium in which precipitated potassium TPB 
was treated with acidic ceric ammonium nitrate 
at 92°. One mole of potassium TPB consumed 
72 equivalents of ceric ion, whereas to^al oxidation 
of TPB to boric acid, carbon dioxide and water 
would require 120 equivalents. Razuvaev and 
Brilkina5 heated anhydrous ferric chloride and 
potassium TPB in acetone “ on the water-bath”  for 
30 minutes. On basis of the analysis of the reaction 
mixture, this reaction scheme was suggested
LiB(C«Hs)4 +  3FeCl3 — ^
__________ LiCl +  CeHsBCb +  3FeCl2 +  (C 6H5)2 +  -C6H5

(3) G. Wittig and P. Raff, Ann.. 573, 195 (1951).
(4) H. W. Spier, Biochem. Z.. 3 2 2 ,  467 (1952).
(5) G . A .  Razuvaev and T .  G. Brilkina, Zkur. Olschei Khim., 2 4 ,  

1415 (1954); English translation, J. Gen. Chem. UJS.S.R., 2 4 ,  1397 
(1954>.
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Controlled potential electrolysis was utilized in 
the present work so that a single well-defined oxi­
dation reaction could be carried out. This 
procedure simplified the task of ascertaining the 
nature of the oxidized species.

Results and Discussion
Voltammetry.—It is not possible to oxidize TPB 

on a platinum electrode in aqueous solutions be­
cause of the interfering evolution of oxygon. When 
acetic acid is used as solvent the oxidation wave 
obtained with a rotating platinum microelectrode 
is quite drawn-out and ill-defined. The oxidation 
in N,N-dimethylformamidc occurs with a half­
wave potential of 1 . 2 0  v. vs. aq. sat. calomel; how­
ever, the residual current is quite large in the same 
potential region.

It is evident from the residual current trace in 
Fig. 1 that acetonitrile is a useful solvent for anodic 
voltammetry because of its wide potential region. 6 
As shown in Fig. 1 , TPB in acetonitrile solution 
gives a well-defined oxidation wave on a rotating 
platinum electrode. Using a scan rate of 1.18 
mv./sec. there is an indication of a second wave 
at 1.4 volts in the current-potential curve of a 
0.143 mM  solution, trace 2, Fig. 1 . The current- 
decrease at more anodic potentials is caused by 
formation of an interfering film. At a higher 
TPB concentration, trace 3, Fig. 1 , the film inter­
ference prevents observation of the second wave.

It was established that the current decrease was 
caused by film formation since repetition of the 
voltage scan after the first trace on a clean electrode 
resulted in grossly lowered currents. When the 
electrode was cleaned in nitric acid a current- 
potential trace identical with the first was obtained. 
Film formation has been observed previously in the 
oxidation of organic compounds.7

While the major effort was directed toward 
elucidation of the electrode reaction corresponding 
to the first wave, it is interesting to note that di­
phenyl has a current peak in the same region as the 
second wave of TPB. Lund7 reported a deformed 
oxidation wave for biphenyl with an E i/2 of 1.48 v. 
(vs. Ag, AgN03 electrode).

The concentration dependence of the half­
wave potential of the first wave is given by 

Et/i =  0.51 — 0.07 log (C)

where (C) is the millimolar concentration of TPB. 
A plot of log i/(ii — i) vs. E for a typical wave 
approximates a straight line with a slope of 80 
mv. These observations indicate that the elec­
trode process is irreversible.

There was no change in voltammetric behavior 
when the hydrogen ion environment was modi­
fied by employing solutions with 0.01 M  picric

(0) A recent study by II. Schmidt and J. Noack, Z. anorg. allgem. 
Chem., 296, 262 (1958). on the electrolysis of perchlorate in acetonitrile, 
offers evidence on the limiting anodic process. The reactions postu­
lated were

CIO«- -  e — >  CIO*
•CIO* +  CH,CN — ^ HCIO* +  -CH,CN

2-CHiCN — ^ (CHSCN)*
(7) H. Lund, Acta Chem. Scand., 11, 1323 (1957).

Fig. 1.— Voltammetry, current-potential curves; current, 
p.&. vs. potential in volts (vs. Ag, AgNO*, scale). Data ob­
tained with rotating platinum microelectrode using polariza­
tion from cathodic to anodic potentials; 1, residual current,
0. 1 M  lithium perchlorate; 2. 1.43 X  10~4 M  sodium tetra- 
phenylborate in acetonitrile; 3, 1.20 X  10_s M  sodium 
tetraphenylborate in acetonitrile.

acid, 0.16 mM tetramethylammonium hydroxide 
and 1 . 8  M  water successively present. These data 
strongly suggest that hydrogen ion is not involved 
in the primary electrode process.

Precision evaluation of the limiting current 
constant, i\/(C), gave a value of 6.50 ±  0.05 jua.
1. /mmole. This same electrode with the same 
stirring conditions gave a current constant of 
4.81 Ata. l./mmole for the oxidation of iodide ion 
to iodine in acetonitrile.

The limiting current constant I\ may be written 
as

J L  =  / ,  =  nkD<* (1)

where n is the number of faradays per mole, h is 
an arbitrary constant which is peculiar to the 
electrode under given stirring, D is the diffusion 
coefficient and a is a constant. Since according 
to the Nernst derivation the diffusion coefficient 
for an ionic species is directly proportional to its 
limiting ionic conductance, equation 1 may be 
rewritten

/ ,  =  nk'{ A*)« (2)
where \° is the limiting ionic conductance. The 
limiting ionic conductance for iodide ion in aceto­
nitrile as evaluated from the data of Walden and 
Birr8 and Popov and Skelty9 is 102.4.

Thus, equation 2 for iodide ion oxidation, a one- 
electron process, is

4.81 =  Jfc'( 102.4)« (3)
The value for the ionic limiting conductance of 
TPB obtained from combination of the data of

(8) P. Walden and E. J. Birr, Z. physik. Chain., 1 4 4 ,  269 (1929).
(9) A. I. Popov and N. E. Skelly, J. Am. Chem. Soc., 76, 5309 

(1954).
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Fig. 2.— Chronopotentiometry, potential-time curves; 
potential in volts (vs. Ag, AgNOs scale) vs. time in seconds. 
1, 1.01 X  10-3 M  sodium tetraphenylborate in acetonitrile, 
i =  61.1 2, supporting electrolyte, 0.1 M  lithium per­
chlorate, i — 30.53 /1& 3, 1.01 X I0~z M  sodium tetra­
phenylborate in acetonitrile, i =  300 jua.; 4, 1.32 X  10 ~3 M  
diphenyl, i =  200 ¿¿a.

French and Muggleton10 and Fuoss, et al.,u is
56.3. Equation 2 for TPB oxidation is

6.50 =  nit'(56.3)« (4)
Nightingale12 empirically obtained an «-value of 
0.66 for rotated microelectrodes. Using this value 
for a in a solution of eq. 3 and 4 gives n — 2.01. 13

Chronopotentiometry.—A typical potential-time 
curve for oxidation of TPB at constant current is 
given in Fig. 2, trace 1 . The quantity C), 
where r is the transition time and i is the current, 
was found to be independent of concentration and 
current in the ranges studied, 0 . 2  to 1 . 0  mM  and 
10 to 100 The value of the transition time 
constant, C), was 0.250 amp. sec.1/s liter 
mole-1.

As with the voltammetry, an interfering film 
formed on the electrode at highly anodic potentials. 
Repetition of a trace resulted in grossly shortened 
transition times because of the increased current 
density.

Chronopotentiometric data for the one-electron 
oxidation of triiodide ion to iodine was obtained 
with the same electrode. The transition time con­
stant was 0.173 amp. sec.l/s 1. mole-1.

Equation 4,14a where F is the number of coulombs
(10) C. M. French and D. F. Muggleton, J. Chem. Soc., $1, 2131 

0  957).
(11) R. M. Fuoss, J. B. Berkowitz, E. Hirsch and S. Petrucci, Proc. 

Natl. Acad. Sci., 44, 27 (1958).
(12) E. R. Nightingale, Jr., Anal. Chim. Acta, 16, 493 (1957).
(13) The value for a may be subject to some variation with the 

particular experimental conditions. However, even with the extreme 
limits of 0.5 and 0.75 for a, the n-values of 1.82 and 2.12, respectively, 
are still clearly indicative of a two-electron process.

(14) P. Delahay, “ New Instrumental Methods in Electrochemistry,’ ' 
Interscience Publishers, Inc., New York, N. Y., 1954, (a) p. 184; 
(b) p. 192.

per faraday and A is the area of the electrode 
ir l/t n-ir'AF A D lA

(C )“  ----2 ~  (4a)
can be used to calculate the «-value for the TPB 
reaction. The limiting ionic conductance of tri­
iodide ion, which is proportional to the diffusion 
coefficient, has a value of 98.6 as evaluated from the 
data of Walden and Birr8 and Popov, et al. 15 
Combining chronopotentiometric data for tri- 
iodide ion and TPB with limiting ionic conduct­
ances gives an «  of 1.91. Thus, both voltammetric 
and chronopotentiometric data indicate a two- 
electron primary electrode process.

Further information on the electrode processes 
in the 1.5 v. region was obtained from the chrono­
potentiometric data. As shown in trace 3, Fig. 
2 , a second discrete wave occurs in the oxidation of 
TPB. (The transition time for the first inflection 
point is so short that it is not apparent in trace 3, 
Fig. 2.) The ir21/1/(C ) value for the second in­
flection was 1.33 amp. sec. l/2 1. mole-1.

The oxidation of biphenyl, trace 4, Fig. 2, occurs 
in the same potential region as the second transition 
for TPB. The transition time constant for bi­
phenyl was 0.850 amp. sec. 1/2 1. mole-1. This 
evidence suggests that the second oxidation wave 
of TPB (approx. 1.5 volts) involves oxidation of 
biphenyl. However, a rather puzzling aspect is 
that the ratio of the two transition times, t2/ ti, is 
approximately 28 as calculated from the transition 
time constants. It is possible to estimate the 
number of electrons in the second step from the 
relation14b

-  -  2 ( - * )  +  ( - i Y
n \ n j  \ n j

where n2 and n\ are the number of faradays per mole 
for the first and second steps, respectively. The 
ratio is 24 when « 2 is 8 . This «.-value seems in­
ordinately large, especially when it is noted that 
Lund7 observed a two-electron reaction for the 
electrolytic oxidation of anthracene in acetonitrile.

Controlled Potential Electrolysis.—The major 
portion of this study was devoted to examination 
of solutions obtained from the electrolysis of TPB 
at 0.7 v., i.e .y  to the elucidation of the two-electron 
reaction. Data are summarized in Table I.

Coulometric evaluation of n°app, the apparent 
number of faradays per mole as defined in footnote 
a, Table I, gave values ranging from 1 . 0 2  to 1.8. 
The concentration dependence of n0app as shown 
in Fig. 3, clearly indicated that a secondary chemi­
cal reaction was consuming TPB.

Proposed Reaction Scheme.—The reaction 
scheme (5) to (8 ) is proposed. Supporting evidence 
for each reaction is subsequently presented.

electrode
B(C oILh- -  2c --------------> B(C«H5)?+ +  (C 6H5)? (5)

Ar,
B ( C 6I L ) 2+ +  H 20  — ^  ( C 6H 5)2B O H  +  H + (6) 

h
H + +  B(C6H3)4-  — î  B(C6H5)3 +  CcH6 (7) 

(after completion of electrolysis)
_________B ( C 6H s), +  V *0 * — >  (C sH i)2B O C sHs (8)

(15) A. I. Popov, R. II. Rygg and N. E. Skelly, J. Am. Chem. Soc., 
78, 5740 (1956).
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Controlled Potential Electrolyses (25 ml. solution-volume)

(Ci), (Hp, (HP I(C.H.)*J,
(Ci),

2 (CiilL), [ l  -  * V ]  (C)i> am.U9mlt, 
(CcHsLBOHm M il°app° ml/ (Ci) miW in M m M m .17 X 10-3

0.55 1.31
0.994 1.31 0.3 0.3
9.63 : 1.05 . 5 .05
O.I62 1.54 b 0.11 0.12

10.39 1.02 .11 .011 5.0 5.3
10.39' 1.02 4 .93 5.3 4.6 4.9
0.089,-, 1 . 0.08 0.08 20.9
2 .02:, 1.14 .16 .08 1.08 1.15 0 7 0.86 17.4
2.02:7 1.43 .79 .39 1.33 1.43 0.4« 0.56 17.0
2 .02s 1.21 .42 .21
4 54 1.03 . 1 Os .02, 2.36 2.34 2.07 2.20 16.8s
5.28 1.15, .47 .09 3.14 3.05 2.0 2.12
5.28 1.05 .12 .02 2.68 2.78 2.9 2.50 16.0
5.04' 1.84 4.5 4.65 0.4 20.3

10.39s 1.93

a Defined as dt/FV(Ci). b No indicator change detected. c 20 ml. solution volume. d Residual current correction
introduced a 5%  uncertainty. « Solution made 0.22 M  in H20 . f Acetate buffer media; 0.16 M  (CH 3)4N +CH.3C O O ', 
0.2 M  HC2H3O2. Prolonged electrolysis necessary because of interfering film formation. '0  Picrate buffer media; 0.07 M  
sodium picrate (satd.), 0.1 M  picric acid.

One obvious requirement for the validity of this 
scheme is that only TPB undergoes an electrode 
reaction at 0.7 v. This was verified by examining 
the voltammetry of the various species in the 
scheme.

Primary Electrode Process.—The fraction of 
TPB which undergoes reaction at the electrode is 
simply n°app/2 , and the concentration of the elec­
trode reaction product then is n0app(Ci)/2 (assuming 
1 : 1  stoichiometry). Figure 4 is a plot of the con­
centrations of biphenyl observed in the electrolyzed 
solutions vs. ft°app(C0/2. The fact that the data 
closely fit the straight line which has the theoretical 
slope of one is taken to mean that biphenyl is a 
product of the primary electrode process.

The occurrence of biphenyl and not benzene as an 
electrode reaction product offers some evidence on 
the mechanism of the reaction. If phenyl radicals 
were liberated into the solution they would ab­
stract a hydrogen from acetonitrile to form ben­
zene. 16' 17 Since biphenyl is formed, the dimeriza­
tion must occur very soon after the removal of the 
two electrons from TPB.

Evidence for occurrence of the diphenylboronium 
ion, B(C6H5)2+, in the primary electrode process is 
discussed in a later section.

Secondary Reaction.—-Observation of a small 
hydrogen ion concentration in the electrolyzed solu­
tion suggested that the secondary reaction might 
involve hydrogen ion. Wittig, et al.,1 report that 
in hydrochloric acid solution at 80°, TPB decom­
poses to benzene and triphenylboron. A number 
of other workers18-19 have noted the instability of 
TPB in acidic media.

Controlled potential electrolyses were carried 
out in picrate and acetate buffer media (see last 
two entries, Table I ) . The fact that the n % p value 
for a 10.39 m l  TPB solution was increased from

(16) W. A. Waters, J. Che?n. Soc.., 113 (1637).
(17) W. 1£. Man by ami W. A. Waters, ibid., 1792 (1939).
(18) K. Sporek and A. F. Williams, Aualyst, 80, 3-17 (1055).
(19) II. Flaschka and F. Sadek, Chemist-Analyst, 45, 20 (1956).

log (C ;).
Fig. 3.— Variation of «% ,,, apparent number of faradays 

per mole, with log (Ci), initial concentration of sodium tetra­
phenylborate in moles/liter.

1.02 to 1.93 when the solution was buffered was 
taken as conclusive evidence that the competing 
secondary reaction involved hydrogen ion.

Evidence that the reaction in acetonitrile oc­
curred as written in equation 7 is (a) quantitative 
consumption of one hydrogen ion per TPB as 
established by addition of a measured amount of 
TPB to excess perchloric acid in acetonitrile 
followed by titration of excess acid with diethyl- 
amine; (b) presence of benzene in stoichiometric 
amount in a reaction mixture as shown from re­
duced pressure distillation (details given in Ex-
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n°app (C i)/2  X  103, M.
Fig. 4.—Biphenyl concentration in electrolyzed solutions, 

mM, vs. n°,ipp (C i)/2, mM.

(1 -  n.°aPP)/2(C ,) X  103, M.
Fig. 5.— Benzene concentration in electrolyzed solutions, mM 

vs. (1 — ?i°apP/2 ) (Ci), mM.

perimental section); (c) spectra of reaction solu­
tions exposed to oxygen after completion of re­
action were essentially identical to spectra of 
oxygenated triphcnylboron solutions (see section 
on Triphenylboron Solution Chemistry). It is 
important to note that in acid solution oxygen 
is a strong enough oxidant to oxidize TPB. Thus 
oxygen was removed in all electrolysis and kinetic 
studies.

Neu20 has reported preparation of tetraphenyl- 
diboroxide, [(C6Hb)2B]2 0 , by treatment of Na- 
TPB with 1 M  aqueous hydrochloric acid. We 
have examined this reaction and have found that it 
proceeds in a stepwise manner; rather rapid 
formation of triphenylboron, as evidenced by its 
precipitation, is followed by slower hydrolysis to 
diphenylboronous acid, (CeHsBBOH, which is 
later converted to the anhydride. Evidence cited

(20) R. Neu, Chem. Ber., 87, 802 (1954).

in the previous paragraph shows that only the 
first step occurs in reaction of hydrogen ion and 
TPB in acetonitrile solution.

An exhaustive kinetic study of the hydrogen ion- 
TPB reaction in acetonitrile was beyond the scope 
of this project. However, preliminary investiga­
tion showed that in the millimolar concentration 
region the reaction was first order in both hydrogen 
ion and TPB and had a rate constant of approxi­
mately 7.5 liter mole- 1  sec. - 1

If reaction 7 is indeed the secondary reaction 
which consumes TPB, the fraction of TPB reacting 
with hydrogen ion, 1 — n°;ipr)/2, multiplied by the 
initial concentration of TPB, (Ci), should be equal 
to the observed benzene concentration. Avail­
able data are plotted in Fig. 5 and show reasonable 
agreement with the straight line which is drawn 
with the theoretical slope of one.

If it is assumed that the reaction which produces 
hydrogen ion in solution is much faster than re­
action 7, the proposed reaction scheme is an 
example of Case lib  as treated by Geske and Bard. 21 
One of the expressions applicable to a reaction 
scheme of this type is

»•*» - 1  [* + I S ]  <3>

In the present system n is 2 and (B,0) is the hydro­
gen ion concentration. Figure 6  shows the extent 
of agreement of experimental data with equation 
9.

Reaction Generating Hydrogen Ion.— When it 
was shown that biphenyl was a product of the elec­
trode reaction it was logical to consider diphenyl- 
boronium ion, BfCoIIs^, as the other product. 
Davidson and French22 reported the existence of 
diphenylboronium ion in methyl ethyl ketone and 
nitrobenzene solutions. They suggest that in sol­
vents with readily available lone pairs of electrons 
compounds of the diaryl boron chloride t}rpe will be 
solvated, and the boron atom will become iso- 
electronic with the central carbon atom of aryl- 
methyl chlorides. It was shown that when alumi­
num trichloride was added to an ethyl methyl 
ketone solution of diphenylboron chloride (DPBC) 
the conductivity increased and an absorption 
maximium appeared at 337 m̂ t. Close agreement 
between the position of this maximum and the value 
predicted from molecular-orbital calculations for 
diphenylboronium ion was cited as evidence for 
the presence of the ion in solution. Another evi­
dence was that silver chloride was precipitated when 
silver perchlorate was added to a nitrobenzene 
solution of DPBC.

The occurrence of diphenylboronium ion in the 
primary electrode scheme offers a possibility for the 
generation of hydrogen ion in the solution. As 
written in equation G, hydrolysis of diphenyl­
boronium ion by traces of water in Hie solvent/ 
system affords diphenylboronous acid and hy­
drogen ion.

A series of experiments were performed with 
DPBC and silver perchlorate in acetonitrile in an 
attempt to determine the chemical behavior of di-

(21) D. IT. Closke and A. .T. Card, T his Journal, 63, 1057 (1959).
(22) J. M. Davidson ami C. M. French, J. Cfiem. S?c., 114 (1958).
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phenylboronium ion in acetonitrile. Reactions 
were carried out in a dry-box so that as closely 
anhydrous conditions as possiole would be obtained. 
Using rigorously dried reagents, reaction of 5  ml. of
20.6 mM  DPBC with 5 ml. 48 mil/ silver perchlorate 
did yield a precipitate of silver chloride. The solu­
tion was filtered and a portion was titrated with 
diphenylguanidine23 using crystal violet as indi­
cator. (The precipitation of silver chloride ap­
parently was not complete since a small amount of 
silver chloride precipitated during the titration.) 
The titration indicated a hydrogen ion concentra­
tion of 9.22 mM  for the reaction solution, or 89.4% 
of the stoichiometric amount for production of one 
hydrogen ion per diphenylboronium ion. The 
spectrum of the reaction solution, after correction 
for dilution, was essentially identical with that of 
the original DPBC solution, i.e., a broad peak with 
a maximum at 230 mgix, am =  12.9 X 103. Restat­
ing the results, hydrogen ion had been generated in 
almost quantitative amount, but the product of the 
reaction was not diphenylboronous acid.

This series of experiments was repeated (in dry 
box) using 0 . 1  M  lithium perchlorate solution in 
preparing the stock solutions. The use of lithium 
perchlorate solutions, with a water content of 9  
mM, more closely corresponded to the actual 
conditions of the electrolysis solution. Results 
were similar to those described in the preceding 
paragraph. The spectrum of the DPBC stock 
solution showed a maximum at 235 m^, am =
15.4 X 103, probably indicating partial hydrolysis 
to diphenylboronous acid. After filtering the silver 
chloride from reaction of 5 ml. 18.0 mM  DPBC 
with 5 ml. 48 mil/ silver perchlorate, titration of a 
portion of the filtrate showed 90% generation of 
hydrogen ion. After correction for dilution the 
spectrum of the reaction solution was quantitatively 
identical with the spectrum of the DPBC stock 
solution. However, when the cell spacer was lifted 
so that the solution was briefly exposed to atmos­
pheric moisture, the absorption peak shifted to the 
238 m/Li position characteristic of diphenylboronous 
acid.

These results substantiate the following conclu­
sions: (a) diphenylboronium ion in acetonitrile 
reacts to produce an almost stoichiometric amount 
of hydrogen ion; (b) the intermediate boron 
compound is readily hydrolyzed to diphenyl­
boronous acid by atmospheric moisture. Thus 
reaction 6  in the proposed reaction scheme repre­
sents the over-all reaction since in the process of 
examining the solution the intermediate boron com­
pound would be hydrolyzed. The exact identity 
of this intermediate is not known.

Triphenylboron Solution Chemistry.—The occur­
rence of triphenylboron in the reaction scheme 
required that its solution behavior be investigated. 
Razuvaev and Brilkina5-24 characterized triphenyl­
boron by its reaction with oxygen to give phenyl 
diphenylborinate, (CsHsRBOCoTR, which was then 
hydrolyzed by water to diphenylboronous acid, 
(Cello)'¿BOII, and phenol. Pondestvedt, et aZ. , 25

(23) Diphenylguanidine does not react with silver ion under the 
conditions employed here.

(21) O. A. Razuvaev and T. G. Brilkina, D oklady Akad. Xauk 
U.S.S.R., 8 5, 815 (1952).

1.
Fig. 6.— Ratio of hydrogen ion concentration of electro- 

lyzed solution to initial concentration of sodium tetraphenyl- 
borate, (H +)/(C ;), vs. n°app — 1.

A, m/r.
Fig. 7.— Absorption spectra in acetonitrile, molar absorb­

ance indexes, liter mole-1 cm.-1 vs. wave length, m/u: 1,
triphenylboron, oxygen excluded; 2, triphenylboron, oxy­
genated; 3, phenyl diphenylborinate, (CsHshBOCsHs, and 
diphenylboronous acid, (CsH&bBOH; 4, biphenyl (CeH5)2; 
5, sodium tetraphenylborate.

found that when a methanolic solution of triphenyl­
boron was refluxed in nitrogen atmosphere, the 
major product was phenyl diphenylborinate. The. 
oxidation was attributed to trace impurities, pos­
sibly oxygen or formic acid.

Experimental observation of acetonitrile solutions 
of triphenylboron showed that the uptake of oxy­
gen was very rapid. When a triphenylboron solu-

(25) C. S. Rondestvcdt. Jr., R. M. Scribner and C. E. Wulfman, 
J. Org. Chem., 20 , 9 (1955).
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Fig. 8.— Comparison of observed and calculated molar 
absorbance indexes, liter m ole"1 cm.-1 X  10~3, at various 
wave lengths.

tion was prepared and the absorption cell filled in 
a nitrogen atmosphere, absorption spectrum 1 , 
Fig. 7, was obtained. Brief exposure to oxygen 
gave a solution with spectrum 2, Fig. 7. Meth- 
anolic solutions of triphenylboron showed similar 
sensitivity to oxygen. The spectrum of a known 
sample of phenyl diphenylborinate in acetonitrile 
is essentially identical with the spectrum of di- 
phenylboronousacid, Fig. 7, number 3. 26

If the suggestion that triphenylboron reacts with 
oxygen to give phenyl diphenylborinate is correct, 
then it is obvious from comparison of spectra in 
Fig. 7 that the reaction is not quantitative in 
acetonitrile since the molar absorbance indices 
observed for oxygenated triphenylboron are lower 
than those for phenyl diphenylborinate. Molar 
absorbance data for various oxygenated triphenyl­
boron solutions showed up to 7% variation from the 
value given in Fig. 7. This suggests that the re­
action may be somewhat more complex. It seems 
satisfactory to conclude that phenyl diphenyl­
borinate is the major product when acetonitrile 
solutions of triphenylboron are exposed to oxygen.

Although electrolyses were carried out in a nitro­
gen atmosphere, the electrolyzed solution was in­
evitably exposed to atmospheric oxygen before a 
spectrum could be obtained. Thus it was necessary 
to obtain spectral data for triphenylboron under 
the same conditions.

Absorptimetric Data.—Taken as a whole the 
various evidences for the proposed reaction scheme 
seem to offer substantial confirmation of the 
scheme’s validity. One further correlation is ob­
tained from examination of the absorption spectra 
of the electrolyzed solutions.

The observed spectra, which had a maximum at
(20) Apparently the 238 m/i peak with the. 260-280 mu shoulder 

is characteristic of the (C«Hi)sBO— ohrotnophore in acetonitrile. This 
is supported by the fact that the spectrum of tetraphcnyldiboroxide, 
(C a it)2BOB(CeHj)*. is just twice as intense as that of (CiHc)sBOH.

240 nijit, qualitatively appeared to be a summation 
of the C6H5BO absorption26 and biphenyl absorp­
tion, Fig. 7. (Spectrum of TPB is included in 
Fig. 7 for comparison.) Quantitative evaluation 
of the spectra was done as follows. At the com­
pletion of the electrolysis, after exposure of tin* 
solution to oxygen

[(CcH s) ; ] = [(OJBhBOH] = (io)

(CJIol =  [B(C6IIt)3,oxyg.| = ( l  -  (CO ( 11)

At any wave length, the absorbance As is

= 0(CcHs)2 (Ci) +  a(C*H»)îBOH -  2! ? (Ci) +

«BiC.HAa.ox«. ( l  -  ” ÿ -P)  (Ci) (12)

where b is the cell path length and ox is the respec­
tive molar absorbance index. The absorption of 
benzene is negligible in comparison with other 
species and so is omitted from equation 12. Re­
arranging equation 1 2  and dividing by Ci gives

,1,
b(C.)

«B(CsHs)*.oxyg. ] +  «U(CcHs)s • 0 (13)

Calculated and experimental “ aro”  values for 
several wave lengths are compared in Fig. 8 . The 
dotted line is the calculated line with a slope of one. 
In a number of cases the experimental data show 
considerable divergence from the calculated value. 
This probably is a reflection of the complexity of 
the oxygenation reaction of triphenylboron.

In the extraction analysis of the electrolyzed 
solution as described in the Experimental Section, 
all of the boron species should he present as di- 
phcnylboronous acid in the cyclohexane extract of 
the acid solution. The molar absorbance index 
for this absorption (calculated on the basis of the 
concentration in acetonitrile) should be independ­
ent of n°ai>„ and should be precisely the am value for 
diphenylboronous acid in cyclohexane, 21.4 X 
103 at 240 m/x. Agreement of available data, 
Table I, with this criterion is only approximate.

Comparison of Results with Mathematical Treat­
ment.—As indicated in a preceding paragraph, the 
proposed reaction scheme is an example of case 
l ib 21 if the reaction producing hydrogen ion is much 
faster than the hydrogen ion-TPB reaction. If 
this is the case it should be possible to compare the 
experimental and calculated dependence of n°ar>D 
on (Ci).

An implicit relation for ?i0ar,p was previously 
derived, equation 15b, reference 2 1 . Evaluation 
for n = 2  gives

ft°app =  TyC-) l*1 [1 7( C j) (tt°app 1)1 (1 4 )

The symbol y represents fa/p, where k2 is the rate 
constant for reaction 7, and p is a constant depend­
ent on the particular electrode employed (area, 
stirring) and the solution volume (see ref. 2 1  for 
detailed treatment).

The solid line in Fig. 3 which gives a reasonable 
fit for the data is the n0app-(Ci) relation where
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y — 5 X 10s liter mole. - 1  The p-value27 for the 
electrode used here with a 25-ml. solution volume 
was 2  X 10- 3  sec. " 1 The experimental estimate of 
hh as given in a preceding paragraph, was 7 . 5  liter 
mole- 1  .sec.-1, corresponding to 7  =  3.75 X JO3 
liter mole. We feel that the substantial agreement 
between the calculated function and observed data 
as shown in Fig. 3 is another support of the pro­
posed reaction scheme.

Addition of 0 . 2  M  water to a 2 . 0 2  mM  TPB solu­
tion increased n°apP from 1.14 to 1.43. This can be 
accounted for easily in terms of a decrease in the 
rate constant /c2 with addition of water. We have 
qualitatively observed that the hydrogen ion- 
TPB reaction is in fact slower in water than in 
acetonitrile.

Current-time curves were obtained, but varia­
tion of stirring conditions with positioning of the 
electrode in the cell significantly modified the data. 
Thus no quantitative comparison with the calcu­
lated current-time curves21 was attempted.

Solution of the mathematical problem cor­
responding to electrolysis in a buffered medium, 
where d(H +)/d f = 0 , is done easily by following 
the procedure outlined for case lib , reference 2 1 . 
The expression obtained is

= » [ ¿ r r h i n ]  <I5)
Using the dissociation constant for picric acid as de­
termined by Kilpatrick and Kilpatrick, 28 1.26 X 
10-5, a buffer system of 0.07 M  sodium picrate and 
0.1 M  picric acid in acetonitrile would have a hy­
drogen ion concentration of 1.8 X  10- 5  M. The 
experimental n°ai>p value, 1.93, is in reasonable 
agreement with the calculated value, 1.87. Since 
the data obtained for the acetate buffer were com­
plicated by interfering film formation the derivation 
given above is not applicable.

When the various evidences presented in support 
of the proposed reactions are considered as a unit, 
the validity of the reaction scheme seems to be 
established satisfactorily.

Experimental
Reagents.—Technical grade acetonitrile (Union Carbide) 

was purified by the usual method.29 The boiling point was
81.5 ±  0.2° at 760 mm. Water content as determined by 
Karl Fischer titration was approximately 1 mM. N ,X- 
Dimethylformamidc (Eastman “ Speetro Grade” ), biphenyl 
(Eastman) and cyclohexane. (Fisher "Speotranalyzed” ) 
were used as obtained.

Sodium tetraphenylborate (Baker) was purified by pre­
paring a concentrated solution in acetonitrile, filtering off 
suspended material and then removing solvent from the 
filtrate under vacuum. "Anhydrous”  lithium perchlorate 
(G. F. Smith and Co.) contained 3-5%  water and so was 
dried in an air oven at 160° and then in a vacuum oven at 
180°. Water content of material treated in this way was

(27) Evaluation of p was done by obtaining the p for oxidation of 
iodide ion, 3.0 X 10"3 sec."1, under the same stirring and volume 
conditions. The p value for TPB then is 2.0 X 10” * see.“ 1 as evalu­
ated from equations 1 4  of this ¡taper together with equations 3 -5, 
reference 21. The p-value for oxidation of ferrocene, KefCslish, to 
ferneiniuni ion, Fe(CsUs)2 +, was 2.0s X 10 "3 sec, which is reason­
able under the assumption that ferrocene and TPB would have 
similar diffusion coefficients.

(28) M. Kilpatrick, Jr., and M. L. Kilpatrick, Chem. It eve., 13, 131 
(1933).

(29) S. Wawzonek and M. E. Runner, ,/, FAectrochem. Soc., 99, !57
(1952).

0.5% so that- 0.1 M  lithium perchlorate solutions had a 
total water content of at least o m.¥.

Trimethylammonium tetraphenylborate was obtained 
by mixing aqueous solutions of trimethylammonium chlo­
ride and sodium tetrapheny borate, and washing and drying 
the resulting precipitate. Criphenylboron was prepared by 
pyrolysis of trimethylammonium tetraphenylborate as de­
scribed by Wittig, el al.3 Acidimétrie analysis using the 
mercuric chloride reaction1 showed 94-96% purity. The 
remainder was biphenyl as shown )w cyclohexane extraction 
experiments (see below). Absorption spectra of triphenyl- 
boron were corrected for tl:e biphenyl impurity.

Tetraphenyldiboroxide, (CVJUbBfiO, as prepared ac­
cording to Neu,20 was 97.4% pure as determined by titra­
tion. Diphenylboronous a rid, (CgHs^BOH, was prepared 
according to Abel, et ai.,30 by hydration of the anhydride. 
The refractive index was 1 .»92 in agreement with the litera­
ture value. Phenyl dipher ylborinatc was obtained by re­
action of phenol and tetrapnenyldiboroxido as described by 
Tappert, et al.31 Diphenyiboron chloride was supplied by 
Prof. M. F. Lappert.

After drying picric acid (Baker) at 80° in vacuo the 
compound contained less than 0.5%  water. Sodium pic­
rate from neutralization of picric acid with sodium hydrox­
ide contained no more than 0.1 %  water. Solid tétraméthyl­
ammonium hydroxide was obtained by evaporation of a 
10% aqueous solution (Eastman). Tétraméthylammonium 
acetate from neutralization of tétraméthylammonium hy­
droxide and acetic acid tenaciously retained water even on 
prolonged vacuum treatment. The sample employed in 
preparation of the acetic arid-acetate buffer, Table I, con­
tained 12.5% water. Ace-ic anhydride, was added to the 
acetonitrile solution to react with the water.

Diethylamine was purified by distillation. Standard 
solutions in acetonitrile wert standardized against perchloric 
acid in acetic acid. Tétraméthylammonium triiodide was 
prepared by the method ®f Ohattaway and Iloyle32 33 and 
showed 99.4% purity by iocometric titration.

Prepurified nitrogen was passed over hot copper turnings 
and barium oxide and then bubbled through acetonitrile.

Apparatus and Measurements.—All potential measure­
ments in this paper are referred to the Ag, 0.01 M  AgNOj, 
(OIIsCN) arbitrary zero. ”  Act ual measurements were made 
using an aqueous saturated calomel reference electrode in 
the manner described by Kolthoff and Coetzec;34 conver­
sion to the silver, silver nitrate scale was done using the 
value of 0.29 v. for the potential of the cell, silver, silver ion 
vs. aqueous saturated calomel.

Yoltaminetric measurements with a rotating platinum 
electrode (0.29 mm.2 apparent area, rotation at 600 r.p.m.) 
were obtained on a Surge it X X I recording polarograph. 
Traces from cathodic to anodic potentials were obtained at 
a scan rate of 1.18 mv./sec. An all-glass cell was equipped 
with fritted inlets for reference electrode and nitrogen. 
The sample was thermostated at 25.0° by passing water 
from a constant temperature bath through a jacket sur­
rounding the cell. Curren3-potential traces were corrected 
for residual current and "H i"  drop across the electrolysis 
cell.

Chronopotentiometrie measurements were obtained using 
conventional circuitry. A General Radio power supply, 
type 1204-B, with appropr ate ballast resistors was used to 
supply a constant current. Potential measurements be­
tween reference and indicator electrodes were made using a 
Leeds and Northrup pH indicator, no. 7664, and feeding 
the output into a Variait 3-10 recorder. The time scale, 
3.75 sec./div., was established by the synchronous motor 
list'd to drive the strip chart. The auxiliary electrode, a 
mercury pool, was placed ia a compartment separated from 
the sample solution by twe fritted discs. The platinum in­
dicator electrode was planar and had an apparent area of 
0.40 cm.2 Water at 25.0° .vas circulated through the jacket 
surrounding the sample ceil.

A Lingane-Jones potentiostat was used to carry out the

(30) F,. W. Abel, W. (¡errand and M. F. Lappert, ./. Chem. Sot:., 
3833 (1957).

(31) K. W. Abel, W. Gerrarc. and M. F. T.appert, ibid., 112 (1957).
(32) F. 1). Chattaway and G. Iloyle, Chem. Sot:., 123, (¡54 

11923).
(33) V. A. Pleskov, '/Mir. Ft*. Khun., 22, 351 (1948).
(3-1) T, M. Kolthoff and .1. F. Coetzee. ./. Am. Chem. Snr., 79, 870 

(1957),
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non trolled potential electrolyses. At higher currents where 
the output voltage of the potentiostat was inadequate a 
manually-operated auxiliary power supply was employed. 
The potential of the working electrode was maintained at 
0.70 v. vs. Ag, A gX 03. The electrode, which was rotated 
at GOO r.p.in. in the Sargent Synchronous Rotator, was a 
spiral of platinum wire (1?. & S. No. 22, apparent area, 6.0 
cm.2) wound 1 mm. away from a 6 mm. glass tube. The 
auxiliary electrode, a mercury pool, was in a compartment 
separated from the sample compartment by two fritted 
discs. Resistance between the platinum and reference, 
and platinum and mercury electrodes, was 900 and 1300 
ohms, respectively. Solutions were not thermostated.

Current integration was done with the permanent magnet 
d.c. motor (Electro Methods, Ltd., Caxton Way, Steven­
age, Herts, England) using the calibration technique de­
veloped by Lingane.35 For electrolysis of solutions less 
concentrated than 1 raM a strip chart record of current was 
obtained and the current-time curve was integrated by 
weighing the paper.

The absence of TPB at the completion of the electrolysis 
was verified by adding thallium perchlorate to a small por­
tion of solution. Electrolysis of the supporting electrolyte 
solution showed that no detectable hydrogen ion was gen­
erated by the small residual current.6

All electrodes were cleaned in nitric acid and then im­
mersed in acidic ferrous ammonium sulfate solution to re­
move oxides. All sample solutions were degassed with 
nitrogen and nitrogen was passed over the solution during 
the electrolysis.

Spectrophotometric measurements were made with a 
Cary model 11 recording spectrophotometer. Where 
necessary, spacers were used in 1 cm. cells so that path 
lengths of 0.1 and 0.005 cm. were also available.

Kinetic measurements were made by measuring the limit­
ing current at the rotating platinum electrode (at +0 .7  v.) 
as a function of time. Acetonitrile solutions of perchloric 
acid were freshly prepared for each run. Essentially an­
hydrous solutions were obtained by diluting anhydrous 1 M  
perchloric acid in acetic acid with acetonitrile.34

Solution Analysis.—Two extraction procedures were 
used to investigate the electrolyzed solutions. A 2-ml. 
aliquot portion was added to a saturated aqueous solution 
of mercuric chloride. This converted all the phenyl boron 
compounds into boric acid and phenylmercuric chloride,

(35) J. J. Lingane, Anal. Cliim. Acta. 1 8 ,  34!) (1958).

the latter being insoluble in water. This heterogeneous 
system was extracted with 10 ml. of cyclohexane. Bi­
phenyl and benzene are quantitatively extracted under 
these conditions. Phenylmercuric chloride, while partially 
soluble in cyclohexane, has a molar absorbance index of only 
288 at 258 niju36 and thus its absorption as well as that due to 
benzene (<r“ r">1 = 202) can be neglected in comparison with 
biphenyl (Fig. 7). The fact that biphenyl was the absorbing 
species in the cyclohexane extract was established by divid­
ing the observed absorbances by the molar absorbance in­
dices for biphenyl. The quotients, apparent concentrations 
of biphenyl, were constant within 5%  over the wave length 
region 230-270 mg.

When a 2-ml. aliquot was treated with 1 M  sodium hy­
droxide and extracted with cyclohexane, biphenyl was 
again the only strongly absorbing species in the cyclohexane. 
It was shown by experiment that under these conditions 
phenyl diphenylborinate (from oxygenation of triphcnyl- 
boron) hydrolyzed to diphcnylboronite and phenolate ions 
and thus remained in the aqueous phase. Acidification of 
the aqueous portion was followed by another cyclohexane 
extraction. The diphenylboronous acid quantitatively ex­
tracted into the cyclohexane. The extraction of phenol 
under these conditions is not complete. This is of no conse­
quence since the weak phenol absorption in cyclohexane 
occurs at longer wave lengths than the diphenylboronous 
acid peak at 240 mj». The identity of the biphenyl and di­
phenylboronous acid absorption in the two cyclohexane ex­
tracts was established in the way described in the preceding 
paragraph.

Benzene was estimated in acetonitrile by carrying out a 
reduced pressure distillation. The receiver was cooled in a 
Dry Ice-acetone mixture. After approximately one-half of 
the 15-ml. aliquot had distilled over the distillation was 
stopped and the volume of distillate was accurately meas­
ured. Since the benzene-acetonitrile azeotrope is more 
volatile than the biphenyl azeotrope it is possible to analyze 
for benzene spectrophotometrically using the base-line tech­
nique to eliminate errors from background absorbance.

Acknowledgment.—The gift of a quantity of di- 
phenylboron chloride from Prof. M. F. Lappert is 
gratefully acknowledged. This research was sup­
ported in part by the Higgins Fund.

(36) G. Leandri and A. Tundo, J . Chem. Soc., 3377 (1954).

SOME COMMENTS ON THE VALUES OF AS0 FOR IONIC REACTIONS AND 
THE VALUES OF THE ENTROPY OF SOLUTION OF IONS
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The values of AS° for certain series of closely related acid dissociation reactions, with a correction applied for the dif­
ference of the symmetry numbers of the acid and conjugate base, are correlated by equations of the form AS°COI =  a — 
6aZ 2. The entropies of solution of the gaseous ions N a+, K +, R b +, C s+, Mg + +, C a++, Sr + + and Ba + + are not, however, 
functions of Z 2. For the ions of each charge type the entropy of solution is consistent with an equation A<S°»oin = a +  
6/r; the value of 6 shows no stronger a dependence upon Z  than first power.

In seeking a correlation between the standard 
entropy changes in ionic reactions and some func­
tion of the charges on the reactants and products, 
one should consider only reactions with the same 
value of A n , where A n  is the net increase in the 
number of solute species in the reaction. The rela­
tive values of A&° for reactions with different values 
of A n  can be altered simply by a change in the con-

(1) John Simon Guggenheim Foundation Fellow, 1957-1958; 
permanent address, Department of Chemistry, University of Wis­
consin, Madison, Wisconsin. This study was supported in part by 
the Research Committee of the Graduate School, The University of 
Wisconsin.

centration scale (i.e ., by a change in the choice of 
standard state) . 2 Laidler3 has correlated the 
values of A*$'° for a large number of diverse reactions 
having variable values of A n  with the values of 
AZ2 for the reaction, where AZ- is the difference 
between the sum of the squares of the charges on

(2) The failure to take this into account vitiates seme discussions 
of the values of AS® in complex ion reactions (e.g., R. J. P. Williams, 
T his J o u r n a l , 5 8 ,  121 (1954)) as has been pointed out by H. A. 
Bent, ibid., 6 0 ,  123 (1956). (See also A. W. Adamson, J. Am. Chem. 
Soc., 7 6 ,  1578 (1954).)

(3) K. J .  Laidler, Can. J. Chem., 3 4 ,  1107 (1956); J. Chem. Phys., 
2 7 ,  1423 (1957).
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the products and the sum of the squares of the 
charges on the reactants. Scott and Ilugus4 have 
pointed out, however, that the correlation is marred 
by the variation of An among the reactions con­
sidered.

It is anticipated that factors other than charge 
also play a role in establishing the value of S° for 
solute species in water5 and thus in the present 
paper a possible correlation with AZ2 of the values 
of A£ 0 for only series of closely related reactions is 
investigated. Three series of acid dissociation 
reactions, all with An = 1, do, in fact, have values 
of AiS0cOr at 25° which conform to the equation

A S \or =  a -  b A Z 2 (1 )

(The A*S°COr values being considered are corrected 
for any difference in the symmetry numbers of acid 
and conjugate base;6 this correction must be made 
before the values of AS0 are scrutinized for a pos­
sible dependence upon AZ2.) The three series of 
reactions are7

H n P O .," -3 =  H „ _ iP C V - <  +  I I *  rt =  3 ,2 ,1  ( A )
UnCitn_s = Hn-iCit” --4 +  H + n  = 3,2,1 (B)8

(CH2NH2)2H /  = (CH2NH2)2H«-1'*~1 +  H + n  = 2,1
(C)

(CH2C 02)2H „»-2 = (CH2C 02)2H„_1» - 3 +  H + n = 2,1
The values of the parameters a and b for each series 
as well as the observed and calculated values of 
A&°cor are presented in Table I. The ions in each 
of these series are large and the total charge is 
undoubtedly distributed onto several of the pe­
ripheral atoms. The correlation of A/S'°COr with 
AZ2 may be, therefore, somewhat fortuitous since 
nearby solvent molecules certainly do not see a 
localized charge of magnitude Z.

It appears that there is some inconsistency be­
tween the observed correlation of AS°COr for the 
phosphoric acid dissociation reactions and the 
equation proposed by Connick and Powell9 which 
correlates the conventional values of the entropies of 
oxy-anions (HO)raXOn~z (i.e ., the values based 
upon 5°h+ = 0 ) with the equation

S;° =  4 3 .5  -  4 6 .5 (Z  -  0 .2 8 n ) (2 )

In the dissociation of any oxy-acid
(H O)mX O „-*  =  (H O k -jX O ,,,-* ' +  H +

with n' — n +  1 and Z' =  Z +  1, the values of 
both n  and Z increase by one unit. Thus equation 
2 predicts a value of AS° =  —33.5 e.u. for the acid 
dissociation reaction of all oxy-acids which are 
ions. Connick and Powell do not suggest that 
equation 2 is valid for species with Z = 0 . The 
observed values of this quantity for the limited 
number of oxy-acids which are ions (IICO*- , 
II2PO4- , IISO4-  and IIPO =) are not constant but 
lie in the range — 20 to —43 e.u. 10

(4) P. C. Scott and Z /,. Hugus, ibid., 27, 1421 (1957).
(5) H. S. Frank and M. W. Evans, ibid., 13, 507 (1915).
(6) S. W. Benson, ./. Am. Chem. S'oc., 80, 5151 (1958).
(7) It is to be noted that only a. series of reactions consisting of 

three or more members provides a valid test of the form of equation 1.
(8) It is assumed that, because of the presence of the adjacent, 

hydroxyl group, the first acid dissociation of citric acid. ITOC(Clls- 
COzIlMCOUI), involves the middle carboxyl group. Tiiis has 
relevance in making the symmetry number correction.

(9) R. K. Connick and R. 12. Powell, J . Chem. Phys., 21, 2200
(1953).

(10) K. S. Pitzcr, ./. Am. Chem. Sec., 59, 2365 (1937).

T a b l e  I
V a l u e s  o p  A S 0COr f o r  A c id  D is s o c ia t io n  R e a c t io n s

Reac­
tions a b 7 i

>•-----A.8°cor values------
Obsd.“ Calc-d.

A —5.5 5.9 3 -1 6 .8 — 17.3
2 -2 9 .5 -2 9 .1
.1. -4 0 .2 -4 0 .9

B +0.1 4.9 3 -  9.0 -  9.8
2 -1 9 .8 -1 9 .6
1 -2 9 .2 -2 9 .4

C — 0.0 4.1 2'' 1.5 1.6
1'' -  6.6 -  6 .6
2 C -  17.0 -.14.8
Is -2 2 .7 -2 3 .0

0 Values of AS ° c„r are calculated from experimental
values of AS0 reported in the papers: phosphoric acid, K. S. 
Pitzcr, J. Am. Chem. Soc., 59, 2365 (1937); citric acid, 
R . G. Bates and G. D . Pinching, ibid., 71, 1274 (1949); 
ethylenediammonium ion, D. II. Everett and B. R . W. 
Pinsent, Proc. Roy. Soc. (London), 215A, 416 (1952); 
succinic acid, T. L. Cottrell and J. H. W olfcnden,,/. Chem. 
Soc., 1019 (1948). The correction factor to be subtracted 
from the value of AS0 to obtain AS°Cor is R In oa/ob, where 
& a and cr ji are the symmetry numbers of the acid and con­
jugate base.6 These correction factors for the successive 
reactions in each series are: A, 0.8, —0.8 and —2.8 e.u.; 
B, -1 .4 ,  0.0 and -2 .8  e.u.; C, 3.6, 0.8, 0.0 and -2 .8  e.u. 
b Ethylenediammonium ion. c Succinic acid.

In connection with this correlation of values of 
AS0 for the dissociation reactions of phosphoric 
acid with the value of AZ2, it is of interest to note 
that Altshuller11 has found the values of the entropy 
of solution of gaseous oxy-anions are a function of 
Z 2 and not Z . 12 Couture and Laidler 4_3 have also 
correlated the “ absolute”  values of S° for oxy- 
anions with an equation involving Z 2.

The dependence of the values of 5° for mon­
atomic cations (or the values of AS0 for the process 
M+(g) =  M +(aq.)) upon the value of Z  is open to 
some question and appears to be unsettled. 3-4 
While Laidler3 is correct in pointing out that, in 
general, a physically meaningful correlation of 5° 
upon Z  should involve the “ absolute”  values of 
S°, the form of the equations which have been used 
to correlate S° (or AS^in) with Z  and r are such 
that the use of the conventional ionic entropies 
(based upon 5 °h + = 0 ) is appropriate in dis­
cerning the power to which Z  is raised in the cor­
relation of 5° or A#S'°soin with Z. The various 
equations which have been suggested for this cor­
relation have in common the incorporation of the 
dependences upon Z and r in the same term

A.S\oln =  «  -  - 'P -  (3 )r
The value of ¡3(Z) obtained from the correlation 
with r of A;S'nSoin for ions of a particular charge does 
not depend upon the origin with respect to which 
the values of S° are reckoned. The value of /3(Z) 
which correlates the dependence of A/S'°soin of 
ions of a particular charge upon the radius depends 
in a critical way upon the choice of radius values

(11) A. P. Altshuller, J. C h em . Phys.. 24, 042 (1950).
(12) Altshuller11 used v.lines based upon .Sn+0 = 0. If one

uses Sn+0 = —5 e.u.18b instead, the correlation of AS^ohi with 7P- is not 
marred. For the isoelcctronic sequence ClO-i", SO4” 2 and the
“ absolute”  value of A(AS#3!>in)/A(Z2) = —10.5 Jr 0.5 e.u.

(13) A. M. Couture and Iv. J. Laidler, C a n . J . C h em ., 35, 202 
(1957).
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Fig. 1.—The values of ArS'+s for the process: M +11 (g., 

1 atm.) =  M +tt (aq., hyp. 1 in soln.). Reading from top 
to bottom the lines are: divalent ions, A S ° = —5.0 — 52.0/ 
ru; divalent ions, AS° =  —9.8 — 37.9//y; univalent ions, 
AjS° =  7.4 — 27.2/rc. (The radius of each circle indicates 
the uncertainty in the value of S°t as given by K. K. Kelle3', 
Bureau of Mines Bull. 477, 1950 (except in cast' of -S°ck + +, 
which is from C. C. Stephenson, J. Am. Chan. Soc., 66, 
1436(1944)).

which are appropriate. Latimer14 has used the 
ciystal radii in equation 3 with n =  1. Powell 
and Latimer15 have used “ effective” radii which 
were taken as the crystal radii values plus 2.00 A. 
with n =  2. Laidler3 has used Pauling’s univalent 
radius values with n =  1 . As Gurney has made 
clear, the balancing of attractive and repulsive 
forces which determines the equilibrium separation 
of particles makes the size of ions in solution dif­
ferent than their size in crystals. 16 The size of ions 
in solution is expected to be larger, whicli suggests 
that Powell and Latimer’s use of an additive con­
stant and Laidler’s use of univalent radius values 
for polyvalent ions are corrections in the right 
direction. Neither of these approaches can be 
defended as being rigorous, however, nor does it 
appear possible to decide at this time upon the 
proper radius values to use.

One may seek, nevertheless, for correlations 
between A>S°80in and crystal radii, rc, or univalent 
radii, r„. Because of uncertainties in the values of 
S°2 and/or the values of the ionic radius for many 
ions, particularly those of charge + 3  and +4 , at­
tention will be confined to the alkali metal ions 
Na+, K 4 , R b4* and Cs+, and the alkaline earth ions 
which are isocleetronic with these alkali metal ions

(14) \V. M. Latimer, Chtm. Revs.. 1 8 ,  351 (1936).
(15) R. E. Powell an<l W. M. Latimer, J. Chtm. I'hiis.. 19, 1139 

(1951); see also R. K. Powell, Tuts J o u k x a l . 5 8 .  528 (195-1).
(I(i) R. W. Gurney. “ Ionic Processes in Solution,”  McGraw-Hill 

Hook Co., Inc., Xrw York, N. Y ., 1953. Chap, 16.

i.e., M g+4', Ca4-4-, Sr++ and Ba4 +. The plots of 
A<S,03oin versus 1 /r  are given in Fig. 1 . The value 
of ft for the + 1  ions being considered is 27.2; for 
the + 2  ions the value of 0 is 52 if Pauling’s uni­
valent radius values are used and is 37.9 if Pauling’s 
crystal radii values are used.

The dependence of (3 upon Z is certainly not the 
second power dependence expected on the basis of 
the Born equation under the assumption that r 
is not a function of T.17 The approximately first 
power dependence of £ upon Z, obtained if the 
univalent radius values are used, is viewed as 
fortuitous. The corresponding values of a are 
not at all consistent with values of the “ absolute”  
entropy of hydrogen ion in the range — 2  to —6 , 
e.u. obtained by various methods. 18 If a value of
— 5  e.u. is used for the value of 5 ° h +, the values of 
a for the + 1  and + 2  ions are +7.4 —5 =  2.4 and
— 5.0 —2(5) =  —15.0. While equation 3, with 
n =  1 , adequately represents the radius dependence 
of the entropies of solution of a limited number of 
gaseous monatomic ions of a particular charge, the 
dependence upon charge cannot be incorporated in 
this equation without allowing both a and 0 to be 
functions of Z. This limited group of spherically 
symmetrical cations, with values of both 5° and 
rc which are relatively certain, should be ideally 
suited for testing simple dependences of A»S'0soin 
upon Z. A simple dependence is not suggested 
by the data. It would appear that the suggested 
first15 and second3 power dependences upon Z for 
much more extensive groups of ions are fortuitous 
consequences of the choice of r values.

It seems overly optimistic to expect a good cor­
relation of the values of the entropy of solution of 
gaseous monatomic ions as a simple function of the 
charge and radius of the ion. Perhaps if the ap­
propriate account were taken of cation hydration, 
the entropies of solution of these hydrated species 
would show the dependence upon Z- which is shown 
by the polyatomic anions. 11 Such hydrated species 
would more closely resemble the polyatomic ions 
involved in the acid dissociation reactions already 
considered than do the unhydrated cations. Suf­
ficient information is not now available to allow the 
calculation of the entropy of solution of hydrated 
gaseous ions.

(17) See, however, the suggestion th at d r '/ d 'f  <* r '/ Z ,  where r '  is an 
effective radius, rc - f  0.85 (W . M . Latim er, J . Che~n. Plij/s.. 23, 90 
(1955)).

(18) (a) Som e m ethods arc reviewed by B. lv  C o n w a y and J. O 'M . 
Bockris in C h ap . II of M odern Aspects of Hleriroe icm istry ,”  A ca­
dem ic Press, N ew Y o rk , 1951; (b) R . W. G urney, “ Ionic Processes 
in So lu tio n ." M cG raw -H ill Hook C o .. Inc., Xew  Y o rk , X . 3'., 1953, 
C h a p . 10.
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THE THERMODYNAMICS GE ALUMINUM(III) FLUORIDE COMPLEX ION 
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The existing data, u ([F - ]), of 3rosset and Orring on the stability of aluminum(III) fluoride complexes are treated by a 
newly devised graphical procedure to obtain values of Qn — [AlFP""]_/[AlF„hi7n][F“ ], for n =  1 to 5. These Qn values 
valid for /  = 0 .5  are corrected to the ionic strength values of the calorimetric work of Latimer and Jolly and used in inter­
preting this work to give values of AH„ and A<Si°. These values of AS° corrected for the symmetry numbers of the reactant 
and products species agree with the values calculated by the equation ASC0I — 12.8 — 2.9AZ2 with an average difference 
of 0.4 e.u.

The correlation with AZ2 of the corrected en­
tropy changes in series of closely related acid dis­
sociation reactions presented in the companion 
paper2 suggests that such a correlation may also 
exist in complex ion formation reactions. The 
aluminum(Ill)-fluoride complex ion formation re­
actions

AlFPL +  F -  =  AlF„f*-» Qn [A1F„ 3~" ]
Îa if : ît"][f - ]

are an ideal series in which to seek such a correla­
tion for there are equilibrium data by Brosset and 
Orring3 providing AF°n values for the reactions with 
n — 1 to 5 in solutions of ionic strength 0.5 which 
can be coupled with the calorimetric data of Lati­
mer and Jolly4 to give A/ / „  and A£0« values.5 With 
n varying from 1 to 5, A Z 2 varies from — 6  to + 2 . 
The calculation of the values of A $°„ has, of course, 
been carried out already by Latimer and Jolly. 4 
It is possible, however, to subject the equilibrium 
data3 to a more careful analysis than has been done. 
The variation in ionic strength existing in the solu­
tions used in the calorimetric work also makes de­
sirable certain corrections which were not applied in 
the original paper. 4 The present paper deals with 
a reinterpretation of the equilibrium and calori­
metric data to yield values of the equilibrium quo­
tients Qi to Qo for I  =  0.5; these Q values are cor­
rected to values appropriate for the ionic strength 
of each calorimetric run before being used to calcu­
late the concentrations of the several aluminum-
(III) fluoride species present. The values of A £0cor, 
the entropy change corrected for the change in 
symmetry number, obtained from this treatment 
of the data do fit the equation

A<S°COr =  a — bAZ2 (1)
which has the same form as that which correlates 
the values of A£0COr for the acid dissociation reac­
tions. 2

The Evaluation of the Equilibrium Quotients.—
Brosset and Orring3 obtained n, the average number 
of fluoride ions bound per aluminum (I II) ion, as a

(1) Supported in part by a grant from the U. S. Atomic Energy 
Commission (Contract A T (ll-l)-64 , Project No. 3).

(2) E. L. King, Tins J o u r n a l , 63, 1070 (1959).
(3) C. Brosset and J. Orring, Sventk kem. Tid., 65, 101 (1943).
(4) W. M. Latimer and W. L. Jolly, J■ Am. Chem. Soc., 76, 1548 

(1953).
(5) The standard values of AS and AF, indicated in the present, 

work with the usual zero superscript, correspond to the standard 
state for solute species being a hypothetical one molar solution of tin; 
species in an aqueous solution of ionic strength under consideration.

function of the concentration of fluoride ion in 
media of ionic strength ~0 .5  at 25°. With potas­
sium nitrate as the principal electrolyte present, 
the range of n was 0.49 to 3.29; with ammonium 
nitrate present, the range of n was 2.23 to 4.65. 
It is to be noted that with a maximum observed 
value of n of 4.65, the value of Qg cannot possibly 
be established with much certainty. The data indi­
cate that different sets of Qn values are appropriate 
for each of the two media, potassium nitrate solu­
tion and ammonium nitrate solution. In the calcu­
lation of the Qn values, Brosset and Orring used six 
points from the smooth curve of n versus —log 
[F~] for the potassium nitrate solutions.

Use can be made of all the appropriate experi­
mental points in the evaluation of each Qn Ity a 
newly devised graphical procedure. The experi­
mental points most appropriate for the evaluation 
of a particular equilibrium quotient Qa are those 
with (a — 0.9) <  n <  (a — 0.1). If such points do 
not establish the value of Q(h none will. This graph­
ical procedure is suggested by a derivation given be­
low. The general equation for n as a function of 
[F -] is

7? ~  X

n ~ 0
with Qo =  1. This equation can be rearranged to 
give

' X  1 (n -  « M F - ] » - - 'Qo...Qn
_ n -  0____

( a  +  1 —  i i jQ o Q )  . . .Qa- 1

(a — Ti)Qa 
(a +  i — u) (F

n = .V
x  (»  -  « ) [F“T ~lQoQi . . .  Qn

n—a—2 ____
(ii T  1 — n )QoQi- ■ - Qa-1

4* QaQa+ 1 +

which is the form suggesting the plot for the evalua­
tion of Q(l, the values of Q0, Qi, . . and Qa-i  having 
already been determined by similar plots. A plot 
of

X  (»• -  Ui[F T " a‘ *G>. • Qn
v = 0

(« -j- 1 — u)Q»Ql ■ • - Qa 1
versus

U  .....
(a +  I -  u )[F _ ]
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X  X 10-*.
Fig. 1.-—The graphical evaluation of Qi which is the 

slope of this plot of

(. (4 —■ n)QoQiQi )
versus

_  (3  -  n )
f4 — n)[ F -]

The values of Q\ and Qi have been obtained previously from 
analogous plots. The points shown in this figure are, from 
left to right, for n values of 2.94, 2.80, 2.66, 2.58, 2.49 and 
2.37.

will be a straight line if the third term on the right- 
hand side of the equation is negligible; the slope of 
this line is the value of Qa. In making such a plot, 
there is little point in using ii values less than ~ (a  
— 1 .2 ) or greater than ~ (a  — 0.1). If at the high­
est concentration of fluoride ion being considered, ¿.e., 
at ft == (a — 0 .1 ), the species of composition 
A lF ^ p “, AlFp+3 . ... are not present at significant 
concentrations, the condition for linearity is satis­
fied. Although the value of Qa+1 is obtainable from 
the intercept in this plot, the experimental points 
most relevant to establishing the value of Qa+i have 
not been used; it is preferable to use a different plot 
for the evaluation of each Qn.

A number of methods have been proposed for 
the determination of Qn values given n ([X ] ) . 6 -7 
Some of these have been reviewed and compared by 
Sullivan and Hindman63, and by Rossotti and Ros- 
sotti.6c The latter authors have also proposed a 
graphical procedure somewhat related to the present 
one but which leads to values of the over-all equi­
librium quotients, ft, =  [M X „]/[M ][X ]n. Such 
equilibrium quotients correspond to reactions 
which are not, except for n — 1 , the principal equi­
libria existing in any of the solutions. It is difficult, 
therefore, to decide which of the experimental 
points are particularly relevant in the establishment 
of a particular Qn. While the functions plotted in

(6) (a) J. C. Sullivan and J. C. Hindman, J. Am. Chem. Soc., 74,
6091 (1952); (b) G. Scatchard, method presented in the paper:
J. T. Edsall, G. Felsenfeld, D. S. Goodman and F. R. N. Gurd, ibid., 
76, 3054 (1954); (c) F. J. C. Rossotti and H. S. Rossotti, Ada Chem. 
Scand., 9, 1166 (1955).

(7) J. Z. Hearon and J. B. Gilbert, J. Am. Chem. Soc., 77, 2594 
(1955).

the method described in this paper are derived from 
the original data by a relatively laborious calcula­
tion, the advantages of the present method justify 
the labor. The principal advantage of the present 
method is simply that in each plot one uses only the 
data which are relevant to the establishment of the 
Qn under consideration. The stepwise reaction 
forming A1F+3 - “ corresponds closely to the princi­
pal equilibrium in the solutions with n =  (a — 0.5) 
and thus it is obvious which of the data are rele­
vant.

In Fig. 1 is presented a typical plot, the one hav­
ing a slope which is the value of Qs in potassium 
nitrate medium. In Table I are presented the Qn 
values obtained by this treatment. The average 
difference between the observed values of ft and 
the values calculated using the Qn values obtained 
in this paper is 0 .0 1 9  for the 16 points in potassium 
nitrate solution and 0.036 for the 19 points in am­
monium nitrate solution.

T a b l e  I

T h e  V a l u e s  o f  t h e  E q u i l i b r i u m  Q u o t i e n t s  f o r  
A l u m i n u m ( I I I )  F l u o r i d e  C o m p l e x  I o n  

F o r m a t i o n  R e a c t i o n s  at 2 5 °

I  ^  0.5
,---------Calcd. in this paper---------->

N H 4 N O 3 KNO* 
soln. soln.

Brosset and 
Orring smoothed 

values0

<3. 1.46 X  106 1.36 X 10s
Qi 1.13 X  10s 1.04 X  10*
Q> 3.7 X  103 8.2  X  103 7.17 X  103
Qi 4.4  X  102 5.1 X 102 5.50 X  102
Qi 2.9  X  101 (2 .9  X 101)6 4.26 X  101
Q* (1 .1 )* 2.94

0 These correspond to potassium nitrate solution. b Very 
uncertain value.

The Correction of Q„ Values for their Depend­
ence upon I .—-Latimer and Jolly4 made calorimetric 
measurements upon solutions of ionic strength 
ranging from ~0.016 to ~0.20. They used the Q„ 
values derived by Brosset and Orring from smoothed 
data at /  =  0.5 without correction. O: the tacit as­
sumptions in this procedure, (a) that the distribu­
tion of aluminum(III)-fluoride species is not a func­
tion of the ionic strength and (b) that the depend­
ence of the AH values upon I  is small compared to 
the experimental uncertainty, certainly the first is 
not justified. It is difficult, of course, to predict 
the exact dependence of each Qn upon I. In the 
present work it is assumed that the dependence of 
log Q„ upon I  is a function of the value of (AZ2)„, 
the difference between the square of the charges on 
the products and reactants in the nth reaction. The 
relationship

(1 /A Z 2) log Q/K =  I

with a — 6.80 nicely correlates the dependence of 
Q =  [CrNCS++]/[C r+++][S C N -]fro m / =  0.016 
to O.6 . 8 The Davies equation9

(1 /A Z 0  log Q/K* =  -  0.1 /|

has also been much used, although generally only to
(8) C. Postmus and E. L. King, T u t s  J o u r n a l , 5 9 ,  1208 (1955).
(9) C. W. Davies, J. Chem. Soc., 2093 (1938).
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a lower maximum value of I. The values of (Q/ 
K°y/*z' at I  — 0.5 calculated by each of these two 
equations differ by a factor of two. The plot of log 
y *  for sodium chloride versus I  lies between the 
plots of ( 1 /A Z 2) log Q/K° versus /  calculated using 
each of the two equations. This plot of log (y±)NaCi 
versus I  is assumed to give the ionic strength de­
pendence of ( l /A Z 2)log Q„ for each of the aluminum-
(III) fluoride reactions.

The Calorimetric Evaluation of AII n.—Each Q„ 
value was corrected by the means just outlined to 
the ionic strength of the final solution in each of 
the calorimetric runs; these Qn values were used 
to evaluate the distribution of aluminum among 
the several forms. The Qn values from the potas­
sium nitrate series were used for the calorimetric 
runs carried out in sodium fluoride solution and the 
Qn values from the ammonium nitrate series were 
used for the runs carried out in ammonium fluoride 
solution. Latimer and Jolly reported the results of 
eleven calorimetric experiments for which the val­
ues of n of the final solutions, calculated using the 
corrected Q„ values, were 0.217, 0.738, 1.34, 1.91, 
2.96, 3.16, 3.58, 4.05, 4.67, 4.93 and 4.94. In the 
last two solutions, the calculated extent of forma­
tion of A1F6- 3  is approximately 1 0 %. Certainly lit­
tle confidence can be placed in any value of AIi6 ob­
tained from considering the results of these two ex­
periments. Whether one considers the eleven ex­
periments and six unknowns. A 7+ through A //6, or 
the nine experiments (with n ^ 4.67) and five un­
knowns, A/7 * through Ai75, has little effect on the cal­
culated values of A Hi through A 7/5. The value of 
AH6, which is the most affected, differs by 0.3 keal. 
in the two treatments. The simultaneous equa­
tions have been treated by the method of averages; 
in this treatment, it is assumed, of course, that the 
value of Alln for each n is independent of the ionic 
strength. The values of A/Ii through AHh derived 
in this manner from Latimer and Jolly’s calori­
metric work are presented in Table II. Using these 
Alin values and the corrected Qn values, one calcu­
lates values of the net heat absorbed per mole of 
aluminum (III) which differ from the observed val­
ues by an average of 36 cal. These values of Al-I„ 
do not differ greatly from those reported by Latimer 
and Jolly; the largest difference is 390 cal. in the 
case of n =  5.

Results and Discussion
The calculated AIIn values have been coupled 

with AF°n values calculated from the Qn values 
corrected to I  — 0.07, a value in the middle of the 
ionic strength range of the calorimetric studies, to 
allow the calculation of AS°n values; these AS°n 
values are assumed to be appropriate for an aque­
ous solution with I  = 0.07. The Qn values from 
Table I which were corrected to I  =  0.07 were for 
n =  1 , 2 , and 3 , the values obtained from the studies 
on potassium nitrate solution, for n — 4, the aver­
age of the values obtained in the two different media 
and for n =  5, the value obtained from the studies 
on ammonium nitrate solution. A list of the de­
rived thermodynamic quantities is given in Table II.

Before scrutinizing the values of AS0 for a possi­
ble dependence upon the value of AZ2, it is nec­
essary that they be corrected for the symmetry

T a b l e  II
T h e r m o d yn a m ic  Q u a n t it ie s  f o r  t h e  R e actio n s

A1F»-I” +  F -  = a i f : » -

n

T =  25° 
A F\ 
kcal.

/  =
A H,b 
kcal.

:0.07a
A,$V
e.u.

(AS» + 
It In <rp/ 

cR),<f 
e.u.

Caled, 
value of 

AS» (cor.) 
e.u.

.1 -9 .0 2 +  1.00 33.8 30.2 30.2
2 -7 .3 2 0.92 27.6 25.8 24,4
3 -5 .5 4 .18 19.2 18.6 18.6
4 -3 .0 6 .04 12.4 13.0 12.8
5 -1 .8 2 -  .36 4.9 6.7 7.0
° See text for discussion of the assumed dependence of 

Qn values upon I. b The values of AH presented by Lati­
mer and Jolly4 for n =  1 to 5 are 1.15, 0.78, 0.19, 0.28 and 
—0.75 keal., respectively. 5 The values of AN0 presented 
by Latimer and Jolly4 for n =  1 to 5 are 82, 26, 18, 13 and 
5 e.u., respectively. d The entropy change corrected for 
the change of symmetry numbers of the reactant (<rR) and 
product (crP).

number factor in the value of A*S'°; this is equiva­
lent to considering the so-called intrinsic value of 
the equilibrium quotient. 10 In making this correc­
tion, it was assumed that all of the aluminum spe­
cies are octahedral Al(OII2)6~« F+3 - ”, with the rela­
tive amounts of any geometrical isomers being dic­
tated solely by statistical considerations. 11 These 
values of AS°cor are nicely correlated with equation I 
with a =  1 2 . 8  and b =  2.9. For reactions with 
n — I to 5, the average difference between the ob­
served and calculated values is 0.4 e.u. (There is 
very poor agreement in the case of the reaction with 
n — 6  but, as has been stated, the experimental data 
tell us very little about this reaction.)

The observed correlation of AS°cot with AZ2 
neither confirms nor denies that a contribution to 
the value of AS° is that due to the replacement of a 
water molecule by a fluoride ion as suggested by 
Latimer and Jolly. 4 This contribution, +15.6 
e.u., is the same for each step and thus does 
not influence the value of b. It is to be noted that 
the approximate symmetry in the residual charge 
effect upon Ari°, as calculated by Latimer and 
Jolly, is somewhat fortuitous since these reactions 
are ones in which An. +  0; the actual values of Ah'0 
for such reactions depend upon the arbitran' choice 
of standard state.

This correlation of A<S°Cor with the value of AZ2, 
like the similar correlation in the companion paper, 
is somewhat surprising since the net charge on the

(10) S. W. Benson, J. Am. Cfiem. Soc., 8 0, 5151 (1958).
(11) In the cases of cis- and iraris-CXOIDRNCSL + and CríOID»- 

C'l?+, the tranx isomer is present in an amount '~2 times that expected 
statistically (J. T . llougen, K. Schug and E. L. King, ibid., 79, 519 
(1957); E. L. King, Sr. M. J. M. Woods. O. P. and II. S. Gates, ibid., 
80, 5015 (1958)). In the case of cix- and irans-CrfOIDrEs+, the tran" 
isomer is present at a relative concentration ~ ].s  times that expected 
statistically (E. L. King and Y. T. Chia, forthcoming publication). 
The nuclear magnetic resonance study on aluminum(IlI)-fiuoride 
complexes suggests that one or the other of the two isomers of difluoro- 
aluminum(III) ion is present predominantly (R. E. Conniek and 
R. E. Poulsen, ibid., 79, 5153 (1957)). If the predominant isomer of 
dilluoroalumimun(III) ion is the cis isomer, the appropriate correction 
for the symmetry number change is very similar to the value given 
above. For n — 2, the correction would be —1.4 e.u. rather than the 
— 1.8 e.u. calculated under the assumption of statistical distribution. 
On the other hand if the predominant isomer is the trans isomer, the 
correction would be +1.4 e.u.; if this were the true situation, the cor­
relation of AS ■’cor with AZ2 woul d be less striking. The fiuestion of the 
distribution of isomers also exists for trifluoroaluminum(III) and the 
correlation of all of the reactions would necessitate information re­
garding its isomeric composition.
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the ideal values that would be obtained if Hw fol­
lowed the dotted curve of Fig. 1 A. The difference 
between these two, shown by the lower curve of Fig. 
IB, is the heat due to destruction of film surface as 
pore spaces between particles fill. This curve is of 
course only an approximation at adsorption below 
saturation, but is probably a fairly close one. Val­
ues taken from this curve may be used to compute 
the film area lost in filled spaces when a given 
amount is adsorbed. For example, at 0 . 2  g. of ben­
zene adsorbed the area lost is about 17 m.2/g-

The slopes of the curves of Fig. IB are the dif­
ferential net heats of adsorption. If there were no 
interparticle condensation this heat should be ap­
proximately the same as the change in free energy 
(AF =  RT In p/p0) after the first few layers are 
completed. When measured net heats of adsorp­
tion are greater than the computed AF value the ex­
cess heat is due to the decrease in enthalpy as sur­
face is lost by interparticle condensation.

Effect of Interparticle Condensation on the Iso­
therm.—An experimental adsorption isotherm 
represents the total adsorption, the sum of that due 
to capillary condensation and that due to building 
up a multilayer film on exposed surface. In the 
past it generally has been assumed that when the 
isotherm is type II almost all the adsorption is in 
the exposed film. The present results show that 
this is not necessarily true. All of the samples 
whose heats of immersion were measured have type 
II nitrogen isotherms. It is unsound to assume 
that the isotherm for any powder sample is com­
pletely free of interparticle condensation.

It is of interest, therefore, to separate the effects 
of interparticle condensation and exposed film ad­
sorption, so that for a given isotherm the contribu­
tions of the two can be evaluated independently. 
This can be done by comparing the experimental 
nitrogen isotherm with a normal isotherm which 
gives the multilayer adsorption only. Data for a 
normal nitrogen isotherm are summarized in Table 
I, as the number of statistical layers, n, adsorbed at 
given relative pressures. The n values were ob­
tained by combining data for many powder samples 
at the lower relative pressures with Bowers’ data7 
for a single sheet of metal foil at the high relative 
pressures where the powders might have some inter­
particle condensation. The values finally selected 
from the composite data were found to be in good 
agreement with those of Shull8 in the relative pres­
sure range below 0.95po. They are lower than those 
previously used by the author, 9 which were based on 
isotherms that are now known to have considerable 
interparticle condensation.

After selecting composite n values these were 
tested by a Frenckel-Halsey-Hill plot, as has pre­
viously been done by Halsey10 and by Bowers7 for 
experimental isotherms of individual samples. It 
was found that all values from 0 . 2 0  to 0.99po fall 
on a straight line whose equation is

n2.75 = ( v / V m)iJ5
1.30

log po/p
2.99 

In po/p (2 )

(7) R . Bowers, P h il. M ag.. [7] 44, 467(5 (1953).
(8) C . G. Shull, J. Am . Chem. Soc., 70, 1405 (1948'.
(9) C. Pierce, This Joubnai., 57, 149 (1953).
(10) G. H alsey, J. Chem. Phys., 16, 931 (1948).

T a b  i,ic I

C o m p o s i t e  I s o t h e r m  f o r  M u b t i  l a y e r  A d s o r p t i o n  o f  

N i t r o g e n

p/po
No. of 

layers, n. p/po
No. of 

layers, n

0,20 1.25 0.80 2.58
.30 1.39 .85 2.90
.40 1.54 .90 3.35
.50 1.70 .925 3.80
.60 1.90 .950 4.40
.70 2.17 .975 5.70
.75 2.34 .990 7.85

Reasons for a fit by this equation below 2  statis­
tical layers, where a given site must hold either 1 or 
2  layers, have been suggested by Halsey. 10 
Frenckel11 and Hill12 have given a general deriva­
tion applicable at higher relative pressure, but they 
use an exponent of 3. The experimentally deter­
mined value is 2.75.

Applications of the n values to many experi­
mental isotherms has shown that the multilayer 
adsorption seems to be remarkably free of effects 
due to the specific solid used. This is shown in the 
data of Tables II and III and in Figs. 2, 3 and 4. 
The n values are found to fit isotherms for many 
surfaces, including carbon, metals, oxides and ionic 
crystals. They undoubtedly are true relative to 
one another, but it is possible that they are not true 
on an absolute basis, since they are for each sample 
relative to the volume assumed to fill the first layer.

It has been found that testing experimental iso­
therms by the n values yields useful information, 
some of it not previously attainable. Some of the 
applications are illustrated in the following sections.

1. Determination of Fm.— In general a BET 
plot for determination of Vm is based upon the iso­
therm values in the region 0.05 to 0.3p0. The n 
values may be used to calculate Vm independently. 
This is done by determining the ratio V/n for differ­
ent relative pressures and taking the average value 
as Vm. Typical determinations are shown in Table

(11) J. Frenckel, “ K inetic T h eory  of L iq u id s,”  Oxford U niversiiy  
Press, London, 1946.

(12) T . L. Ilill, "A ddress in C a ta ly s is ,"  Yol. IV , Academ ic Press, 
New Y ork, N . Y .. 1932.
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Fig. 2.— Isotherms for adsorption of nitrogen by powder 
samples. The crosses are computed by the n values of Table 
I: upper curve, Silica C data from Young16; lower curve, 
Harkins-Jura data for anatase.5

II, along with BET values for comparison. The V[  
n ratios, designated as V 'm, are averages for all rela­
tive pressures up to the start of interparticle con­
densation. It has been found in tests of several 
dozen isotherms that agreement between the BET 
value and V'm is always within a few per cent.

Table II
Determination of Monolayer Adsorption by Compari­

son with Standard n Values
V / n  values from isotherm data, cc.

p/Po n a b C d e
0.20 1.25 1.07 0.87 3.12 26.4 91.5

.30 1.39 1.12 .87 3.20 27.0 91.5

.40 1.54 1.12 .89 3.18 27.3 91.5

.50 1.70 1.13 .90 3.24 27.4 91.5

.60 1.90 1.12 .89 3.25 27.7 91.5

.70 2.17 1.11 .88 3.22 (28.8) 93.0

.80 2.58 1.07 .86 3.25 (32.0) 94.5

.90 3.35 1.07 .84 3.25 93.0

.95 4.40 1.16 ( -91) (3.87)

.975 5.70 (1-22)
Av. (Vn>) 1.11 0.875 3.21 27.2 92
7 m from BET

plot 1.074 .872 3.18 27.6 96.5
n Catalyst, J. M. Holmes, private communication.15 

5 Catalyst, J. M. Holmes, private communication.15 c Ana­
tase, Harkins and Jura.5 d Spheron 6 pellets, Joyner and 
Emmett.14 e SiOj powder, G. J. Young, private communi­
cation.15

2. Detection of Interparticle Condensation.—
Deviations of type II isotherms from the normal n

(13) J. M . Holmes, C arleton  U niversity, O ttaw a, Canada.
(14) I,. O . Joyner and P. H. Emmett, J. Am. Chem. Soc., 70, 2353 

(1048).
(15) G. J. Young, College of Mineral Industries, The Pennsylvania 

State University. The sample is described in J. Coll. Set., 13, 67 
(1958). The isotherm indicates a very slight desorption hysteresis 
after equilibration at po.

values at relative pressures above 0.7 may be 
due either to capillary condensation between 
particles or to condensation in large macro pores 
within particles. Usually when the latter effect is 
present the isotherm is type IV or V, but interparti­
cle condensation may occur when the isotherm ap­
pears to be type II. The normal n values may, 
however, be used to show the existence of this ef­
fect. Isotherm values below 0.7p0 are used to com­
pute V'm, from the average V/n ratio as in Table II. 
The product nV'm is then compared with experi­
mental values at various relative pressures, as 
shown in Fig. 2  and Table III.

Table III
T est of Experimental Isotherms for I nterparticle 

Condensation
Obsd.a 1 0 .4 » Obsd. ”1 0 .6 3 » Obsd.e25.3» Obsd.<* 27.2np/po (»g. Nt) (cc. Nt) (cc. Nt) (cc. Nt)

0.20 13.0 13.0 0.76 0.79 32 33 33.0 34.0
.30 14.5 14.5 0.84 0.87 36 36 37.5 37.8
.40 15.8 16.0 0.94 0.97 39 40 42.0 42.0
.50 17.5 17.7 1.07 1.07 44 44 46.5 46.2
.60 19.8 19.8 1.23 1.20 49 49 52.5 51.7
.70 23.0 22.6 1.42 1.37 55 56 62.5 59.0
.80 27.5 26.6 1.68 1.60 64 66 82.7 70.2
.90 35.0 34.8 2.19 2.14 86 88
.95 45.0 45.5 114 114
.975 186 147
“ N2 on aluminum foil, BowersJ 5 Ni on KC1 arystals,

J. M. Holmes, private communication.13 No condensation 
below O.Opo- c N2 on carbon black, Andries Voet, private 
communication.15 Condensation starts near 0.975po- 
d Spheron 6, Joyner and Emmett.14 Condensation begins 
near 0.7po-

The two isotherms of Fig. 2  were selected to il­
lustrate powders whose adsorption indicates little 
interparticle condensation. The silica sample15 
has an area near 400 m.2 */g. but it is very fluffy and 
loosely packed. It begins to show interparticlc 
condensation at 0.95p0. The anatase sample is the 
one used by Harkins and Jura, 5 one of the first pow­
der isotherm studies carried to high relative pres­
sure. Apparently some interparticle condensation 
starts above 0.9p0. The data of Table III indi­
cate varying degrees of interparticle condensation.

3. Capillary Condensation in Porous Samples.— 
When most of the surface lies in pores the shapes 
of the isotherm indicate the disappearance of sur­
face as pores fill. If the pores are small the iso­
therm is type I. Filling of large pores leads to 
type IV or type V isotherms. If, however, a sam­
ple has some micropores that fill at low relative 
pressure and extensive open surface outside of these 
pores, the isotherm may be type II. The n values 
may be used to interpret such isotherms. The iso­
therm for Carbolac I (Fig. 3) is an example of this 
situation. Carbolac I is a finely divided ink4 black 
of nitrogen area about 1 0 0 0  m.2/g., but with an 
electron microscope area of about 25C m.2/g . The 
discrepancy between the two values (a roughness 
factor of 4) leads to the belief that the particles con­
tain small pores that fill at low relative pressure, so 
that the volume held in these pores is included in 
the Vm value. Analysis by the n values shows that 
this interpretation is correct and permits computa-

(16) Andries Voet, J. M. Iluber Corporation. Berger, Texas.
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tion both of the volume held in the small pores and 
the free surface area not in these pores.

When there is adsorption both in small pores and 
in free surface outside of these pores we have the 
relation

Volume adsorbed =  V 0 +  n V m ' (3)
where Vc is the gas volume held in the pores and Vm> 
is the volume to form a monolayer on free surface. 
Using the data of Emmett and Cines17 we have

at 0.6p0 340 cc. = Fc +  1.90Fm' 
at 0.2p0 272 cc. = F, +  1.25Fm'

Solving, Vc — 142 cc. and Vm' =  104 cc. This 
gives an area of 460 m.2/g . outside of the small 
pores, a value in much better agreement with the 
electron microscope area than the uncorrected ni­
trogen area. A roughness factor of 1.8 would ac­
count for this difference. The values of V0 and Vm' 
are used to compute adsorptions at various rela­
tive pressures, Fig. 3. Good agreement is found 
up to 0.9po where apparently some interparticle 
condensation begins.

4. Packing in First Layer.— Graphitized carbon 
blacks3 have been used extensively in adsorption 
studies, because they appear to have very uniform 
surfaces. Nitrogen isotherms for these blacks 
have an unusual shape, first noted by Joyner and 
Emmett, 14 with an abrupt rise between 0.25 and 
0.4p0- In the past this rise has been attributed to 
lateral interaction in the second layer. An analysis 
of recent data18 by using the n values suggests a 
different interpretation. When V/n ratios are 
computed a nearly constant value is obtained from 
0.4 to 0.975p0 but from 0 . 2  to 0.4 the ratio is low. 
The nVmr values fit experimental ones closely from 
0.4 to 0.975p0 but are too high below O.4p0, as shown 
by the crosses of Fig. 4. This suggests that per­
haps the first layer is not packed to the same degree 
as in most nitrogen adsorption. V 'm is 1.78 cc. 
whereas Vm (BET) is 1.44 cc. If V'm represents a 
true first layer value the area is 7.75 m.2/g . as com­
pared with a BET area of 6.3 m.2/g. If these de­
ductions are correct the rise between 0.25 and O.4p0 
indicates that added vapor is crowding into the 
first layer as the pressure is increased.

As might be expected from the particle size, over 
5000 A. in diameter, there is no detectable inter­
particle condensation for the sample of Fig. 4. The 
nV'm values agree closely with experimental ones up 
to the highest pressure measured, 0.975po-
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An expression has been derived for the activation energy of small molecule diffusion in high polymers in terms of the inter- 
molecular and intramolecular interactions and of the number of degrees of freedom involved in the molecular motion. The 
result has been used to calculate diffusion coefficients and their temperature dependence on the basis of Barrer’s "zone” 
theory. The resulting Arrhenius activation energies are 30 to 75% of the experimental ones. The reason for this is dis­
cussed. The approach indicates that the change of the activation energy at the glass transition found experimentally in 
many polymers can be understood as a consequence of the change of the thermal expansion coefficient at this point. Cer­
tain details of molecular structure, such as the shape of the potential barrier of hindered rotation and the number of degrees 
of freedom per monomer unit, are found to have only a small effect on the resultant diffusion properties. The calculated 
effect of the penetrant molecule’s size on the activation energy is in good agreement with experimental data.

Introduction
The diffusion of small molecules in solid high 

polymers is an activated process and is frequently 
described by the activation energy E d appearing in 
an Arrhenius-type equation

D  =  Do 6x p ( — E t> /R T )  (1 )

where D is the diffusion coefficient, Do is a tempera­
ture independent frequency factor, and R and T 
have their usual meaning.

Several workers3 - 6  found E d to be an increasing 
function of the penetrant molecule’s diameter, but 
to be nearly independent of the molecular structure 
of the penetrant.7 This implies that E d will be, 
after the penetrant size effect has been taken into 
account, a function of the high polymer molecular 
properties, such as the chain geometry or the chain 
stiffness and the intermolecular forces.

The relative effect of different structure varia­
bles, however, is unknown and is unlikely to be es­
tablished by experiment alone since in comparing 
two polymers one has to realize that several or all 
conceivable structure parameters may be different.

Another complication of the relation between 
molecular structure variables and quantities like 
Ed, which are intended to describe the activated 
state, exists in that rate processes in polymers in 
general may proceed by various types of motion 
which are most sensitive to different structure vari­
ables. For example, certain diffusion “jumps”  in­
volving only very short chain segments are 
liable to impose a severe strain in these segments 
and their chance of occurring will be controlled by 
the chain stiffness. Conversely the frequency of 
diffusion jumps involving long segments of the 
polymer chains will largely depend on how well the 
different parts of a long segment will cooperate to 
allow the required rearrangement.

Eyring’s8 and Wilkens’ 9 theories of diffusion do
(1) The paper is in part evolved from the author's doctoral dis­

sertation, Polytechnic Institute of Brooklyn, 1956.
(2) Polychemicals Department, E. I. du Pont de Nemours & Co., 

Inc,, Du Pont Experimental Station, Wilmington, Delaware.
(3) G. J. van Amerongen, J . P olym er S ci., 5, 307 (1949).
(4) (a) S. N. Zhurkov and G. Ya. Ryskin, J, Tech. Phys. ( U .S .- 

S.R.), 24, 797 (1954); (b) G. Ya. Ryskin, ibid., 28, 458 (1955).
(5) P. Meares, Trans. Faraday Soc., 53, 101 (1957).
(6) R. M. Barrer, This Journal, 61, 178 (1957) and references 

given there.
(7) F. A. Long, Lecture at the Nat. Bur. Standards, Washington, 

I), O., March, 1958.
(8) S. G] asst one, K, J, Labller and II, Kyring, “ The Theory of

not account for the presence of different segment 
lengths while the so-called “ zone”  theory of Bar­
rer6 does. In none of these theories has an attempt 
been made to estimate the activation energy from 
a consideration of the molecular structure.

In this work a simple molecular model will be 
defined and its consequences will be examined on 
the basis of Barrer’s theory. Although the molec­
ular model used is probably not the only one pos­
sible, it will be interesting to compare the predic­
tions of the model calculations with experimental 
results so as to gain insight into which molecular 
structure parameters are of prime importance to the 
diffusion mechanism of small molecules in high 
pol\rmers.

Description of the Molecular Model Used.—
The molecular model to be used in this work is best 
described by listing the assumptions which will 
enter the formal development of the next section.

1. The activated state is taken to involve two 
polymer chains which have moved apart to permit 
the passage of the penetrant molecule (Fig. la). 
It is of little consequence whether the chains are 
thought to be originally exactly parallel or only ap­
proximately so.

2. The activation energy is assumed to consist 
of two contributions (a and b ) :

a. An intermolecular term due to the repulsion 
the bent molecular chains will experience from 
their neighbors on making room for the penetrant 
molecule. The internal pressure will be taken as a 
measure of this repulsion, since it is readily avail­
able from various experimental data.

b. An intramolecular term due to the resistance 
of the molecular chains to bending. Since bond 
distances and bond angles are changed only with 
difficulty it is assumed that the bending of chains 
involves a partial rotation of chain units out of 
their equilibrium position against a hindering poten­
tial of internal rotation.

3. The molecular motions which lead to the ac­
tivated state shown in Fig. 1 are assumed to in­
volve the partial rotation of each backbone chain 
unit against the hindering potential, such that the 
total torsional strain is distributed evenly over the 
entire segment.

4. The number of degrees of freedom found in a
R ate Processes," M c G ra w -H ill Book C o ., In c., New Y o rk , N . Y ., 
1941.

(!i) ,1. B. W ilkens. D issertation, Cornell, 1957.
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segment of the chain is assumed to be proportional 
to the segment length.

5. The probability that the /  degrees of free­
dom contained in a segment will cooperate in a dif­
fusion step is p/ =  (1  /m)f. m will be taken equal 
to 2  in most of this work. This may be plausible 
since a rotation against a hindering potential may 
proceed in two different directions, 6 and since the 
degrees of freedom connected to such motions are 
thought to be the only ones of interest.

Formal Treatment.—Barrer’s6 theory leads to 
an expression for the diffusion coefficient D

f  max
D = ~ d* £  p,[(E/R Ty-' { ( /  -  I)!} -11 exp( —E/RT)

" /= !
(2 )

where v is the thermal vibration frequency of the 
penetrant molecule, d is the jump distance, /  is the 
number of degrees of freedom involved in a particu­
lar motion, / max is the value of /  for which the ex­
pression in square brackets has a maximum, and E 
is the total energy of the activated “ zone” under 
consideration. The term exp ( —E/RT) is the prob­
ability that the total energy E  is available at the 
temperature T. The expression in the square 
bracket gives the probability that the energy E  is 
distributed over /  degrees of freedom, and p/, the 
probability of /  degrees to cooperate, is the quan­
tity mentioned in assumption 5 of the last section. 
Barrer10 11 assumed that one of the terms of the sum is 
sufficiently large to permit the neglect of all other 
terms. In this work it will be shown that this sim­
plification is unwarranted, and also that E  is 
strongly dependent on /  which necessitates a 
numerical evaluation of the sum of equation 2 .

The total energy found within /  degrees of free­
dom can, on the assumptions (1 ) and (2 ) of the last 
section, be expressed as

E = Ei +  Z?b +  #th (3)
where Ei is the intermolecuiar term, Eh is the intra­
molecular term, and Eth is the thermal energy which 
is not part of the activation energy but of the total 
energy. Ei, Eh and Eth will now be expressed in 
terms of /  and other molecular parameters.

The intermolecuiar contribution to the activa­
tion energy E\ will be taken to be the product of the 
volume that has to be swept out by the molecular 
chains if they are to allow the diffusing molecule be­
tween them, AV , and of (d£//c>F)r, where U is the 
internal energ}r and F is the volume. (dU/dV)T 
and T(dp/bT) v are very large compared to the ex­
ternal pressure, p.n Consequently, one can write

t ( ¥ t ) v a v - p 'a v  (4)
where P\ is the internal pressure which by definition 
is equal to T(dp/dT)V- AV can be expressed ap­
proximately in terms of the molecular dimensions by 
reference to Fig. 2 . One finds

. T, AB X BEA V = 4 ------ ;y~- (TC A

(10) R . M . Barrer, 7’rans. Faraday Soc., 39, 237 (1943).
(11) F, C . Collins, W. W . Branrlt and M . i l .  N avid i, Chem. 

P h ys., 28, 581 (1956).

Fig. 1.—(a) Symmetrical model for the activated state 
used in calculation; (b) unsymmetrical model (see text).

Fig. 2.—The total energy E and its components E\, Eb and 
Eth as a function of the number of degrees of freedom /  (case 
2 of Table I).

where erc is the average diameter of the high poly­
mer molecules, and N is Avogadro’s number. Set­
ting
AE = s/2, where s is the segment length 
AD = trp, the penetrant molecule’s diameter and 
BC = W A ,  with <p as defined below, one obtains 
AV — 2 AB X BE X o-c X N

= 2 AB2(AE2 X A B -2 - ] )• /*  <rcN 
A V  — l /2(<n> — v,1/ ?/ 2 ) 2[(s 2/(<Tp — <p ' A / 2 Y  — I ) ] '/2  acN

cp is the free volume per unit length of the chain 
molecule and can be calculated as the free volume 
per repeat unit divided by the length of the repeat 
unit in the direction of the chain axis. Thus <p is 
actually a “ free area”  and its square root is ap­
proximately equal to the linear distance perpendic­
ular to the chain axis through which a chain may 
move freely.
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Fig. 3.—The terms of the sum of equation 2 and the fac­
tors contained in these terms (on a logarithmic scale) against 
the number of degrees of freedom /  (case 2 of Table I).

The intramolecular contribution to the activa­
tion energy E\> is considered to arise from the bend­
ing of two molecular chains over the segment length 
s such that the number of backbone chain bonds 
which are distorted is equal to 2s/X, where X is the 
length of one backbone chain bond measured along 
the chain axis. The angle 8 — <AEB divided by 
the number of backbone chain bonds per half 
segment, is taken as an approximation of the 
average angle of rotation & against the hindering 
potential, V{d), which each bond within the 
segment has to sustain when this segment is bent. 
This approximation is most accurate for small values 
of the angle #. One gets & =  5 X  2X./s. The 
potential of hindered rotation V($) is taken to be1'2

7(0) = X" (1 -  cos 30) = — (1 — cos 65X/s)

Also, for relatively small values of t? one can ap­
proximate the potential well of hindered rotation by 
a parabola, hence

7(0 ) =  y  X  * (G5A/s)2 =  9 7 0S2X2/s 2

I-'inallv, on approximating 82 bv tan2 8

and
7(0) = 970a*xy«*

= 9F0A2s“ 2 ( S2/(<,p -  -  J (5 )

The intramolecular strain energy in the two poly­
mer molecules which moved apart is then 

E\> = 2sA- l 7(0)
=  J87oA«-»(8*/(<rp -  v 'h / 2)2 -  I ) " 1 (6)

(12) S. M izushim a, "S tru ctu re  of M olecules and Internal R o ta tio n ," 
Academ ic Press, New Y o rk , N. Y ., 10,34.

Both Ei and E\t are scon to involve s, the segment 
length, and this must be expressed in terms of the 
number of degrees of freedom involved in the mo­
tion such that the summation of equation 1 can be 
carried out. This is accomplished by setting, ac­
cording to assumption 4

/  = 2*A-»2 (7)

where 2 is a proportionality constant which repre­
sents the number of degrees of freedom associated 
with one backbone chain bond. In most of the 
calculations to follow 2  =  1 , This estimate is 
shown to be reasonable in Appendix I.

The thermal energy stored in f  degrees of freedom 
will be taken to be

Fu, = f R T  (8)

Inserting equation 5 into equation 4, equation 7 
into equations 4 and 6 , and equations 4, 6  and 8  
into equation 3, one obtains
E  =  Ei  +  2?b +  Eth

=  V*(<rp -  ^ / y 2 ) 2U/A/2<<rp -  <PXM 2 )]2 -  1 ]!A<rc(VP,-
+  367oz/-1 [l/X./22(<rp -  *>VV2) j 2 -  1 +  f R T  (9)

Summary of the Results.—The total energy E 
is plotted in Fig. 2  against the number of degrees 
of freedom involved in the diffusion jump /  for a 
typical case. Eh is very high for small values of 
f  (short segments), while Ei increases steadily a s /  
becomes larger. Consequently the quantity (Eh +  
E{) which is the activation energy, has a distinct 
minimum at an intermediate number of degrees of 
freedom, / m¡n which in this case is 36. Figure 3 
shows the terms e~E/liT, [{E/RT)f ~ 1 ! . / ( /  — 1 )!] 
and pf = ( l / 2 y  on a logarithmic scale plotted 
against /. The sum of these curves is also shown 
and it is obvious that several terms of the sum in 
equation 2  are of nearly the same magnitude. Table 
I summarizes the results of a series of calculations. 
Cases 1, 2 and 3 may be considered the standard 
results. The other cases are generated by as­
suming different values for the internal pressure, 
the factor pfl//  the thermal expansion coefficient or 
the number of degrees of freedom per backbone 
chain bond 2 , the constant To measuring the chain 
stiffness, the chain thickness cr0 and the penetrant 
molecule's diameter, ap.

Discussion
The values of 2Djvd} obtained in these calcula­

tions according to equation 2  are listed in Table I 
and have been used to derive apparent activation 
energies E d from Arrhenius’ equation 1 . It is this 
quantity and its calculated dependence on molec­
ular structure variables which will be discussed in 
relation to experimental data found in the litera­
ture.

The E-a values obtained (Table I) are all too low 
by about 25 to 70%. The data chosen in most 
cases (that is, cases 1 to 9 and 11 to 16) would be 
appropriate to the diffusion of ethane in poly­
ethylene for which the experimental value of E-d 
is 13.3 kcal./mole. 13 One reason for this may be 
that the molecular motions chosen as a basis for 
these calculations and shown schematically in Fig. 
la are not the only ones leading to successful diffu-

(13) W. W, Brandt, J. Polym er Sci., to bo published.
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T a b l e  I
S u m m a r y  o f  R e s u l t s

Case
r

(°K.)
Pi

(atm.) p/V
a X 10̂

(deg. “ >) z
r,

(cal./
mole)

fTc
(A.)

*0
(A.)

(Ku +  
A\)t »¡» (cal./ 
mole) /-nin /opt

2 D 
vd*

Ed
(cal./

mole)

1 273 3375« l/ t e 0 772d V 2750' 4.07* 5. OS* 4940 16 12 2.92 X 10 6 3790
3930

2 298 3250« Vi 772d 1 2750 4.07 5.08 4730 16 12 5.27 X 10"«
3 323 3125« Vi 772d 1 2750 4.07 5.08 4520 16 12 8.81 x  10 -*
4 273 67606 Vi . 772d 1 2750 4 07 5.08 8240 13-14 12 0 170 X 10“« 10580

91805 298 57706 Vi 772d 1 2750 4.07 5.08 7220 14 12 .890 X 10- £
6 323 4970" Vi . 772d 1 2750 4.07 5.08 6390 14-15 12 2.94 X 10-«
7 273 3375" Is .772d 1 2750 4.07 5.08 4940 16 18
8 298 3250° 1 ,772d 1 2750 4.07 5.08 4730 16 17
9 323 3125“ 1 .772d 1 2750 4.07 5.08 4520 16 16

10 273 3315 V2C 0.355® 1 2750 4.07 5.08 4840 16 12 3.23 X 10-« 3140™
11 298 3250 Vi .772 0.75* 2750 4.07 5.08 4730 12 10 2.44 X 1 0 -* 418012 323 3125 Vi .772 .75 2750 4.07 5.08 4520 12 9 4.22 X 10-*
13 298 3250 Vi .772 1 5500* 4.07 5.08 5600 19 14 0.87 X 10-» 428014 323 3125 Vi 772 1 5500 4.07 5.08 5410 19 14 1.57 X 10-«
15 298 3250 Vi .772 1 2750 4.63* 5.08 5230 15 12 3.93 X 10-« 426016 323 3125 Vi .772 1 2750 4.63 5.08 4990 15 12 6.86 X 10-«
17 298 3250 Vi .772 1 2750 4.07 7.45' 8320 19 16 4.09 X 10-* 671018 323 3125“ Vi“ .772 1 2750 4.07 7.45 7990 19 16 9.08 X 10-«
° Assuming P\ -  3250 atm. at 25°, see J. M. Lupton A.C.S. Meeting, Chicago, Sept. 1958, and P\ «  v~2 where v is the 

molecular volume. See J. Hildebrand and R. L. Scott, “The Solubility of Nonelectrolytes,”  Reinhold Publ. Corp., New 
York, N. Y., 1950, p. 97. 6 Reference (11), for volume data see ref. a, for specific heats see B. Wunderlich, M. Dole, J. 
Polymer Sci., 24, 201 (1957), for sonic velocity data see S. P. Kabin, Sov. Phys. Tech. Phxjs., 26,2542(1956), and Yo. Maeda, 
Chem. High Pol. {Japan), 14, 442 (1957). e Estimated values, pi — V2 from assumption (3) and ref. 6, 2  = 1 from Appendix 
I. d H. A. Stuart, “Die Physik der Hochpolvmeren,” Vol. Ill, Springer, Berlin, 1955, p. 264. Value for polyethylene 
above the glass transition. * Same as d but for temperatures below transition. / Reference 12, p. 68, value for ethane. 
0 Arbitrary. A Calculated from ac = ((t>cHiAX®b/®)I where vchi is volume per CH2 group, X is length of backbone C-C 
bond projected on chain axis, v the specific vol. at 25°, v0 the extrapolated specific volume at °K. * Calculated from <rc =
( v c h s / X ) .  k Ref. d, Vol. I, p. 89, value for ethane. 1 Same as ref. k, value for benzene. "* En calculated from cases 2 and 
1 0 .

sion jumps. For example, if two molecules were to 
move apart in an unsymmctrical fashion (Fig. 1 b) 
rather than symmetrically as assumed in the calcu­
lations of Table I, then E\, E\> and E d would be 
larger. The difficulty of counting the various pos­
sible motions prevents this refinement of the molec­
ular model used for the present.

Another reason for the low E d values obtained 
lies in the fact that the internal pressure as ob­
tained from PVT  data (ref. a of Table I) is a very 
low value; it is the value that would pertain if the 
chain molecules were to move apart very slowly, 
that is, over a period of a few hours. Since the dif­
fusion event occurs on a much smaller time scale 
one should use a higher estimate of the (average) 
internal pressure to calculate E-x. In cases 4, 5 and 
(> such a higher estimate as suggested by Collins, 
et al.,u has been used and it is to be noted that the 
resulting E d is much closer to, but still lower than, 
the experimental value of about 13 kcal./mole.

The segment length which contributes most to 
the diffusion coefficient is given by $opt =  /opt X/2z, 
where / opt and z are listed in Table I. The rela­
tively low values obtained for sopt (G to 8  chain units 
long) in all these calculations are in agreement with 
the experimental result that D is independent of 
the polymer molecular weight and long chain 
branching. 13 Small molecule diffusion may thus be 
considered to proceed predominantly by short range 
motions.

In spite of this qualitative agreement little weight 
may be attached to the actual values of / opt, since 
cases 7, 8  and 9 show them to be strongly dependent

on the factor pp/f. If one were to include the un- 
svmmetrical motions which may be present (Fig. 
lb) in these calculations, then one might also have 
to account for the fact that the number of possible 
chain contortions increases with the number of de­
grees of freedom present. This might be accom­
plished by introducing a factor of the form rf =  nf, 
where n  is a constant, n  and pi are, for the present, 
inseparable and unknown. It is noteworthy that 
Ed itself is affected only slightly by the change in pf 
or rf as used in cases 7, 8  and 9.

It is very interesting to investigate the effect of a 
glass transition on the activation energy E d. Case 
1 0  has been calculated by assuming that the poly­
mer, unlike real polyethylene, has a sharp glass 
transition at 298°, resulting in a lower thermal ex­
pansion coefficient and temperature coefficient of 
the internal pressure below this temperature. The 
activation energy derived from cases 1 0  and 2  is in­
deed lower than that from cases 1 and 2  which is in 
qualitative agreement with experimental data for 
several branched polymers listed in Table II. If 
unsymmetrical motions had been included in these 
calculations, {E\ - f  Eh) would have assumed larger 
values, thus bringing the change in E d at the glass 
transition more in line with that assumed for the 
thermal expansion coefficient at this point. Implicit 
in assumption (3 ) made earlier is the neglect of in­
ternal rotation as contributing to the diffusion proc­
ess. This neglect appears to be justified because 
an activation energy which is in part due to the 
passage of rotational barriers will be even less de­
pendent on the free volume and on the thermal ex-
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pansion coefficient than the one calculated here. 
The model defined in this work would predict essen­
tial constancy of {E\ +  Eb) and therefore of Ed in 
passing a glass transition under constant volume 
conditions. Also there appears to be no significant 
change of the optimum segment length in agreement 
with the fact that D itself does not change abruptly 
near the glass transition.

T a b l e  II
E f f e c t  o f  G lass  T r a n sit io n  on  T h e r m a l  E x p a n sio n  

C o e f f ic ie n t s  an d  A c t iv a t io n  E n e r g ie s  
a> and «<  are the thermal expansion coefficient above 

and below glass transition. Eo> and Er>< are the activa­
tion energies for the diffusion of methanol above and below 
the glass transition.

Polym er « > / « <
R d > /  
F. D<

cc> / a <  
Ml) > /1ÜD <

Polymethyl methacrylate 2.14° 1.746 1.23
Polymethyl methacrylate 1.96° 1 .53b 1.28
Poly-n-butyl methacrylate 1.61“ 1.306 1.23
Polystyrene 2.27e 1.806 1.26
Calculations Cases 1, 2, 10 2.17 1.21 1.79
0 S. S. Rogers and L. Mandelkern, T h is  J o u r n a l , 61, 

985 (1957). 6 Reference 4, values for methanol. CR, 
N. Work, J. Appl. Phys., 27, 69 (1956).

Next the constant z requires discussion. Cases 
1 1  and 1 2  show the activation energies and the seg­
ment lengths to be affected only slightly by a 
change in z. The optimum number of degrees of 
freedom, however, is changed. In the Appendix, 
it will be shown that the values selected for 2  are 
quite reasonable.

The chain stiffness is described in this model by z 
and F o. The latter quantity is essentially a meas­
ure of the narrowness of the potential well of hin­
dered rotation. Yet the cases 13 and 14 show that 
E d is affected only slightly by a change; s, how­
ever, appears to be larger for such a stiff molecule.

The polymer chain thickness <xc is varied in cases 
15 and 16 with respect to the standard cases 2 and
3. The effect on E d is small, that on / opt is negli­
gible.

The penetrant molecule’s diameter <rp is seen to 
affect the apparent activation energy quite strongly 
(cases 17 and 18 of Table I). This is in accord with 
the experimental findings of van Amerongen3 and 
of Byskin. 4

T a b l e  III
C a lc u l a tio n  o f  th e  P a r a m e t e r  2 from  t h e  F r e e  V olu m e  

E q u a tio n  of  Sta t e  ( se e  A ppf,n d ix  I )
kT/P'a V(it> V
(A.*) (A.3) (A.*) Z

n-Pentane 23.4 137.6 191.3 1.07
n-IIeptane 21.6 183.8 243.1 1.08
n-Nonane 21.4 230.2 296.9 1.06
n-Hexadecane 22.9 392.8 486.4 0.92
a From ultrasonic data, ref. (11). »See ref. (14)

Appendix I
It is of interest to estimate the number of degrees 

of freedom per backbone chain bond z by an inde­
pendent method. The degrees of freedom in ques­
tion are those which are responsible for the exist­
ence of the internal pressure in the high polymer 
and they are assumed to be those connected to the 
internal rotation.

The free volume equation of state can be written
as

K - [ ‘ - ( ? r ] '  <]o)
where v0 is the “ incompressible volume” and the 
other quantities have been defined previously. 
Taking now for v that volume which is associated 
with three degrees of freedom, that is, setting

3
V  —  -  V a ,

Z

where vm is the volume per chain bond length, one 
gets

z — [* -  ( n 3 Pi
k f

The free volume is given by

leading to

z 3_Y /s47T/
Table III shows values of 2  calculated for some 
lower hydrocarbons. It is seen that z is indeed of 
the order of unity.

(14) A. K. Doolittle, J. Appl Phys., 22, 1471 (1351).
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THE KINETICS OF ADSORPTION OF ORGANIC ACIDS 
AT THE WATER-AIR INTERFACE1

By R obert S. Hansen and T erry C. Wallace

Institute for Atomic Research and Department of Chemistry, Iowa State College, Ames, Iowa. Contribution No. 676. Work 
was performed in the Ames Laboratory of the U. S. Atomic Energy Commission

Received November 6, 1958

The vibrating jet method with theory modified for non-uniform velocity profile is applied to determination of dependence 
of surface tensions of aqueous solutions of pentanoic acid, heptanoic acid, octanoic acid and lieptanol-1 on concentration 
and time. Results are independent of orifice and flow rate for orifices designed to permit the necessary theoretical treat­
ment, and extrapolate uniformly to results obtained by Addison for decanoic acid, and Dervichian for hendecanoic acid, 
by conventional surface tension methods. Where x is the spreading pressure at time t, and x «  the equilibrium spreading 
pressure, the empirical equation 4 was found to represent well the data obtained in the present work as well as the data 
of Addison and Dervichian. No mechanism of adsorption could be devised leading explicitly to this relation. Observed 
rates of surface tension depression in the systems studied were too slow to correspond to diffusion controlled mechanisms, 
but could be well represented by a second-order kinetic mechanism implying a dimeric transition state located substantially 
in the surface film. Equations based on this model are derived and shown to agree well with experimental results.

Introduction
A number of workers have studied the time de­

pendence of the surface tension of aqueous solutions 
of surface active organic compounds for nearly new 
surfaces and have suggested kinetic explanations 
for their observations. Bond and Puls. 2 obtaining 
results by vibrating jet and sheet methods, pro­
posed a theory for their explanation based on dif­
fusion-limited kinetics. Boutaric and Berthier3a 
studied the time dependence of the surface tension 
of aqueous saponin solutions using the ring method 
and expressed their results in a form suggesting 
first-order kinetics35 rather than diffusion limited 
kinetics. Additional evidence for diffusion limited 
kinetics in the depression cf the surface tension of 
aqueous solution has been furnished by Addison, 4 
Burcik5 and Ross6 with results in each case ob­
tained by the vibrating jet method.

It is somewhat remarkable that the bulk of the 
evidence for the diffusion-limited mechanism of sur­
face tension depression has been obtained by the 
vibrating jet method. On the contrary, evidence 
obtained by conventional surface tension methods 
(drop weight, Wilhelmy plate) in systems showing 
relatively slow rates of surface tension depression 
such as aqueous solutions of decanoic acid and hen­
decanoic acid studied by Addison7 and Dervichian,8 
respectively, agree poorly with a diffusion-limited 
adsorption model. Finally, critical theoretical 
studies of the adsorption mechanism by Ward and 
Tordai9 and by Sutherland10 contraindicate diffu­
sion controlled mechanisms of surface tension de­
pression in systems so far studied.

(1) Based in part on a dissertation subm itted b y  T erry  C- W allace 
to the G raduate School a t  Iow a S tate  College in p artial fulfillm ent of 
the requirem ents for the degree of D octor of P hilosophy, Sept. 1958.

(2) W . N . Bond and II. 0 . Puls, Phil. M an.. Seventh Series, 24, 804 
(193?).

(3) (a) A . Boutaric and P. B ertliicr. r.him. phys., 36, 1 (1939); 
(b) A . Dognon and L. (¡ougerot, ibid.. 40, 127 (1943).

(4) C . C . Addison. Chem. Hoc.. 535 (1943); 252. 177 (1944);
98 (1945).

(5) E . J. B urcik, ./. Colloid S ri.. 6 421 (1950); 8 ,520  (1953).
(6) S. Ross and R. M . H aak. 32nd N ational Colloid Sym posium , 

Urbana, 111., June 19-21, 1958; T u ts  Jo itr n a l , 62, 1200 (1958).
(7) C . C. Addison. ./. Chem. Soc. 579 (1940).
(8) D . G. D ervichian, K ollo id -Z ., 146, 90 t.1956).
(9) A. F . If. Ward and L. Tordai, ,/. Chem. P h ys., 14, 453 (1940).
(10) Iv. Sutherland, A ustralian  ./. Sci. Research tier. , A6, 083 

(1952).

Recent work in this Laboratory11 has demon­
strated that the surface age near the orifice in a vi­
brating jet system is markedly greater than the 
quotient of axial distance from the orifice by mean 
stream velocity, and has presented an accurate 
method for deriving surface ages. An approxi­
mate treatment of this problem had been presented 
earlier by Sutherland and Rideal. 12 We have also 
shown that the surface tension near the orifice can­
not be calculated by Rayleigh's formula because of 
the non-uniform velocity profile and have pre­
sented a method for its correct calculation.

The purposes of the present work are twofold: 
first, to demonstrate that meaningful results for 
time dependent surface tensions can be obtained by 
the vibrating jet method if correctly applied, and 
that these results arc concordant with those ob­
tained by other methods; and second, to present a 
kinetic mechanism adequate for representation of 
data obtained by us and by others for similar sys­
tems.

Experimental
The following reagents were used in this investigation: 

distilled water redistilled from alkaline permanganate solu­
tion; pentanoic acid, heptanoic acid, octanoic acid and hep­
tane!-1, in each case center fractions from the distillation 
of the corresponding Eastman best grade reagent through 
a 30-plate Oldershaw column at a reflux ratio in excess of 
10:1; methanol, ethanol and butanol-2 central fractions 
from a similar distillation of Baker and Adamson reagent 
grade absolute methanol, Commercial Solvents Gold Shield 
absolute ethanol, and Eastman best grade butanol-2 after 
purification by the method of Lund and Bjerrum.13 The 
apparatus and experimental procedure have been described 
previously11 except that a thermometer was placed at the 
constant level reservoir exit. Orifices used are described 
in Table I. Surface tensions were calculated from observed

Orifice

M ajor
radius
(cm.)

T abu-: I
M inor
radius
(cm.)

M ean
radius
(cm.)

Length
(cm.)

1) 0.0501 0.0445 0.0472 0.890
E .0508 0474 .0491 .648
F .0513 0481 .0495 .646

wave length and flow rate from the formula developed in 
our previous work,11 namely

(11) R . S. Hansen, M . K. Purchase, T . C . W allace and R. W. 
W oody, T his Journal, 62, 210 (1958).

(12) K. K. Rideal and K. L. Sutherland, Trans. Faraday Foe.., 48, 
1109 (1952).

(13) II. Lund and J. Bjerrum , Ber.. 94, 149 (1920).
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Fig. 1.—Dependence of surface tension of aqueous 
heptanoic acid solutions on concentration and time as 
determined with different orifices.

Fig. 2.—Dependence of spreading pressure of aqueous 
heptanoic acid solutions on concentration and time. Curves 
are from eq. 4, points are experimental.

7 =  7a{F(l, Z )}n (1)
where 7  is the true surface tension and ya the apparent sur­
face tension given by

7a
pk2v2rz j
... g _. 1̂ -  ~  kh-

OK
+  W  k*r* +  2 OiG

+  3 \pvkrV +

/  2m y a
\pvkr2J

1 7  ( by i
24 \ r j  j (2 )

In equation 2, k — 2tt/X, X is the wave length, v the mean 
velocitjq r the jet radius, p the viscosity, b the jet amplitude 
and p the liquid density. V(l,Z) is the ratio of surface to 
mean stream velocity whose dependence on the dimension­
less group Z = pz/pvr2, where z is the axial distance from the 
orifice, has been established. In a vertical stream such as 
those used in the present work the stream radius changes 
slightly with distance from the orifice; a simple hydro- 
dynamic treatment of this effect11 leads to a prediction of a 
variation of the leading term v2r3 in equation 2 by a factor 
(1 +  2(jz/vt)2)1/* with distance 2 from the orifice. Accurate 
measurements of stream diameter over the range of measure­
ment indicated, however, that the actual variation amounted 
to a factor (1 +  2gz/vyy/i, or about twice the expected 
variation; we have used the observed variation in treating 
our data rather than the predicted one and are unable to 
explain the discrepancy. The correction is in any event 
small. Surface ages were calculated as previously de­
scribed,11 with modification for the accelerat.on of gravity. 
Thus if 2 ; were the ideal axial distance at surface age t, the 
actual axial distance 2a will be

z* = z\ +  | gt2 (3)

Assuming z\ = 2a, a first approximation to t is obtained and 
used to obtain a corrected z\ from observed 2ft by means of 
eq. 3. A second approximation to t is obtained from the 
corrected z\, and the process iterated to convergence. (The 
second approximation was usually adequate.'

At very low discharge rates the liquid issuing from the 
orifice tended to wet the face of the orifice, so that, a frus­
tum was formed whose base was about half again the diam­
eter of the orifice and which extended about 2 mm. down 
the jet. Talcum powder deposited on this frustum tended 
to remain there, showing that the liquid surface was stag­
nant there. When the face of the orifice was painted with 
Beckman “ Desieote,”  a silicone based water repellent, the 
frustum was eliminated. Validity of application of our 
theoretical treatment11 to the Desicotcd orifices was demon­
strated by repeating the experiments therein described with 
these orifices; water, methanol, ethanol and 2-butanol were 
used to test orifice D, and water to compare orifices D, E 
and F. Equation 1 was found to represent data obtained 
with Dcsieoted orifices excellently, the value of n obtained 
(0.645 ±  0.015) agreeing within experimental error with the 
value obtained for untreated orifices (0.630 db 0.013). 
The Dcsieoted orifices therefore were used throughout the 
remainder of this research.

Solution temperatures were measured before and after 
the solution had passed through the orifice and did not 
differ by more than 0.2°.

The dependence of surface tension of aqueous solutions of 
heptanoic acid on time and concentration was investigated 
using orifices D, E and F and solutions of four different con­
centrations at 20°. Similar measurements at this same 
temperature were made for heptanol-1 solutions of six differ­
ent concentrations, octanoic acid solutions of three different 
concentrations and pentanoic acid solutions of two different 
concentrations.

Results
Dependence of spreading pressure (surface ten­

sion of solvent less surface tension of solution) on 
concentration and time was found to be well rep­
resented, for all systems studied in this work, by 
the empirical equation

---- ----- exp (  — b = kn^t (4)7r® — 7T \ 7Tco /
in which x is the spreading pressure at time t, x ro is 
the equilibrium spreading pressure, and b and k are 
constants for a given solute. Results are presented 
graphically in Figs. 1-4, in which experimental 
points are compared with curves calculated by 
means of eq. 4. Experimental results of Addison7 
for aqueous decanoic acid solution (obtained by the 
drop weight method) and of Dervichian8 for aque­
ous hendecanoic acid solution (obtained by the
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Wilhelmy plate method) are compared with 
curves calculated from Eq. 4 in Figs. 5 and 6 . 
Values of were obtained from smoothed curves 
through the equilibrium surface tension data pre­
sented by King14 for pentanoic acid and hcptanoic 
acid, Weber and Sternganz16 for hcptanoic acid, 
Posner, Anderson and Alexander16 for heptanol-1, 
and Frumkin17 for octanoic acid. Values of the 
parameters b and K  used in calculating the curves 
shown in Figs. 1-0 are presented in Table II.

T a b l e  II

Solute 6

K ,
cm. !/dynes2 

see.
Pentanoic acid 1 .1 2 2 .0 2
Heptanoic acid 1 .0 4 1 .3 5  X  1 0 " 1
Octanoic acid 1 .1 4 1.50 X  IO-2
Decanoic acid O.SO ] .0 1  X  IO -4
Ilendeeanoic acid 1 .0 7 7 .8 0  X  I O " 6
Heptanol-1 0 .9 3 1.28 X  IO“ 1

Discussion
Figure 1 shows that the same surface tension­

time curves can be obtained with different orifices 
provided surface tensions and surface ages are cor­
rectly calculated. While the range of orifices inves­
tigated was not great orifice D was approxi­
mately 40% longer than orifices E and F so that 
dependence of surface age on axial distance and 
ratios of surface to mean velocity differed appre­
ciably. An orifice prepared as described11 was re­
jected only if it failed to produce a stable jet. Fur­
ther, no significant variation of results with dis­
charge rate was observed. In contrast to our find­
ings, Rideal and Sutherland12 have reported that 
apparent surface tension-time curves obtained by 
the vibrating jet method depend markedly on the 
orifice used. We conclude that this dependence 
will not occur if the orifice meets certain minimum 
specifications, namely: 1 . flow at the orifice exit 
must be non-turbulent. High speed motion pic­
tures of the flow of small ink increments injected 
into a water stream before the orifice entrance dem­
onstrated that no turbulence occurred in the exit 
jets of our orifices, and the flow appeared to be per­
fectly axial. The character of the exit stream in 
the bell shaped orifices of Rideal and Sutherland 
is unknown, but the damping of a turbulence de­
veloped in an orifice entrance should be more ef­
fective the greater the length of the orifice.

2 . There should be no stagnant portions in the 
exit jet. In our work such portions were elimi­
nated by “ Desicoting” the orifice exit face.

3. The orifice design must be such that the exit 
flow pattern can be predicted, permitting calcula­
tion of surface age from axial distance and true sur­
face tensions. We have shown11 that such calcu­
lations can be made if the or.fice is approximately a 
right circular cylinder. The corresponding develop­
ment for the bell-shaped orifices of Rideal and Suth­
erland does not exist. We conclude that, subject 
to the restrictions indicated, the vibrating jet

(14) II. II. K ing, K anx. Slate Agr. Coll. Tech. H ull.. N o. 9, 1922.
(15) L. I. W eber and P . Sterngana, Z . physik. Client.. 169, 211 

(1934).
(16) A. M . Posner, J. R . Anderson and A . E . A lexander, Colloid  

S ci.. 7, 623 (1952).
(17) A . Frum kin, Z . -physik. Client., 116 , 498 (1925).

Fig. 3a, 3b.—Dependence of spreading pressure of aqueous 
pentanoic and octanoic acid solutions on concentration and 
time. Curves are from eq. 4. points are experimental.

Fig. 4.—Dependence of spreading pressure of aqueous 
heptanol-1 solutions on concentration and time. Curves 
are from eq. 4, points are experimental.

method is an absolute method for measuring surface 
tensions and their dependence on time. It is not, 
in our experience, a highly precise method; experi­
mental errors, arising chiefly from uncertainties in 
measurement of wave length, total approximately 
1 %  in surface tension.

It can hardly be overemphasized that surface
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Fig. 5.—Dependence of spreading pressure of aqueous 
decanoic acid solutions on concentration and time. Curves 
are from eq. 4, point« from experimental data of Addison.7

Fig. 6.—Dependence of spreading pressure of aqueous 
solutions of hendecanoic acid on concentration and time. 
Curves are from eq. 4, points are from experimental data of 
Dervichian.8

age differs markedly from the quotient of axial 
distance by mean velocity near the orifice (as much 
as 40% in the first observable waves)—sufficiently 
so, as we shall see, that the mechanistic conclusion 
reached mat' well depend on whether or not the 
surface age is correctly calculated. It can also

hardly be overemphasized that the surface tension 
calculated from Rayleigh's formula may differ 
markedly (as much as 15 dynes/'em.) from the true 
surface tension and that calculated from eq. 1 in 
the neighborhood of the orifice.

Figures 1-6 and Table II show that the depend­
ence of spreading pressure on solute concentration 
and time is represented by a single empirical equa­
tion for the aliphatic acids having from 5 to 11 car­
bons, and for 1-heptanol. Of particular interest is 
the fact that- the same equation represents the data 
obtained in this work by the vibrating jet method, 
the data obtained by Addison using the drop weight 
method, and the data obtained^by Dervichian using 
the Wilhelmy plate method. 11 will be observed that 
the parameter b does not vary systematically with 
chain length (it is approximately 1 . 0  for all systems) 
and the parameter K  decreases systematically with 
increasing chain length. The systematic character 
of this variation is made evident in Fig. 7, in which 
log K  is plotted against the logarithm of the aliphatic 
acid solubility in water (data from work of Eggen- 
berger, Broom, Ralston and Harwood18 and Ralston 
and Hoerr19). The dependence is almost linear, 
extending over 5 orders of magnitude in 7v and 
nearly 4 in solubility. When it is considered that 
the present experimental work, the work of Addison 
and that of Dervichian cover five orders of magni­
tude in time scale and include three different meth­
ods of investigation the general harmony of re­
sults obtained is striking and provides added evi­
dence for the reliability of results obtained by a 
correctly executed vibrating jet technique.

An excellent example of the consequences of an 
inaccurate calculation of surface age is furnished 
by the work of Bond and Puls. 2 (This work is se­
lected for comment because in contrast to work 
published by Addison, 4 Burcik5 and Ross6 in which 
a similar error appears to have been made the ori­
fices are of such a character and their technique 
sufficiently well described to permit estimation of 
true surface ages from their data.) Bond and Puls 
found that their data could be represented by eq. 5

log —----- —  = - a  lxh  (o)
To -  7®

and because of the indicated i,/s dependence at 
small times, concluded that the adsorption of soaps 
at the water-air interface was diffusion controlled. 
Their jet radius is given as 0.082 cm., and from an 
earlier paper by Bond20 its length is estimated to be 
0.40 cm. Since their jet was horizontal it may be 
inferred that they used the highest mean velocity 
possible (to minimize curvature of the stream) con­
sistent with a Reynold's number less than 2000 (to 
avoid turbulence) or about 200 cm./sec. Using 
these figures, the true surface ages in the work of 
Bond and Puls were calculated from their apparent 
surface ages. The resulting data are better repre­
sented by eq. 6

log — X? = - i t  (6)
7» — 7«

(18) D . N . Eggenbergcr, P. K . Broom e, A. W . R alston  and 11. J. 
H arw ood, ./. Org. Chem., 14, 1108 (1048).

(10) A. W . R alston and C. W. Hoerr, ibid.. 7, f>l(! (1042).
(20) W . N . Bond, Proc. I'hgs. Hoc- (.London), A47, 540 (!!)&>).
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than their original data were represented by eq. 5 ; 
the dependence on time is now to the first power, 
and a principal argument for their diffusion con­
trolled mechanism is eliminated. The two treat­
ments are compared in Fig. 8 .

Theory
In order to infer adsorption mechanisms from the 

dependence of surface tension on concentration and 
time some assumption is necessary as to the depend­
ence of surface tension on surface excess in non­
equilibrium systems. We make the following as­
sumption explicitly, and consider that it is not a 
trivial one: Assumption: The surface tension de­
pends only on the surface excess, whether the system is 
at equilibrium or not. This means that an observed 
spreading pressure will be taken as implying the 
same surface excess as would correspond to that 
spreading pressure at equilibrium, so that dynamic 
surface excesses ¿nay be inferred from dynamic 
spreading pressures by the use of equilibrium 
spreading pressure-surface excess curves.

While this assumption has been implicit in all 
previous interpretations of time dependent surface 
tensions to the best of our knowledge (see particu­
larly the work of Bond and Puls, 2 Ward and Tordai9 
and Sutherland10) it contains theoretical implica­
tions the validity of which is at present unknown. 
Precisely, it implies that the rate-determining step 
in the adsorption occurs prior to or in the act of 
entering the surface, and that subsequent rear­
rangements or reorientations in the surface film are 
either fast or do not affect the surface tension. The 
surface potential studies of Posner and Alexander21 
suggest strongly that slow orientation processes oc­
cur in surface films, but also suggest that these 
result in negligible changes in surface tension. We 
are unaware of other work having a direct bearing 
on this problem. Theoretically, such reorienta­
tions should be accompanied by a decrease in sur­
face tension, and the work of Posner and Alexander 
is the only justification for assuming this decrease 
to be negligible.

With the assumption stated, we were unable to 
find a kinetic mechanism which led to eq. 4. Briefly, 
the difficulty results from the fact that the implied 
rate of surface tension depression varies as (tt» — 
7r)2, rather than, for example, as ir« 2 — 7r2, which 
implies an unlikely coupling of forward and reverse 
rates. Therefore a general rate of adsorption the­
ory was developed, and eq. 4 was used for estimat­
ing slopes and rounding experimental data.

The possibility of diffusion controlled kinetics 
was first investigated. Important theoretical treat­
ments of diffusion-controlled adsorption kinetics 
have been published by Ward and Tordai9 and by 
Sutherland10; Sutherland’s treatment provides 
the dependence of surface excess on concentration 
and time in terms of tabulated functions, but is 
limited to the linear portion of the adsorption iso­
therm, and therefore we have tested our results in 
terms of the more tedious but general theory of 
Ward and Tordai. If Co is the bulk concentration 
of the solution, C(0,t) the “ subsurface”  concentra­
tion at time t, i'(t) =  C(0,t)/C0, T(t) is the surface

(21) A. M . Posner and A. E . Alexander, Trans. Faraday Sac., 46, 
Col (1949).

Fig. 7.—Dependence of rate constant k, eq. 4, on aliphatic 
acid soluoility.

Fig. 8.—Incorrect inference of adsorption mechanism 
resulting from over-simplified calculation of surface age. 
Data of Bond and Puls2 using their surface ages (left) and 
corrected surface age (right).

excess at time t, and Da is the apparent diffusion co­
efficient, the results of Ward and Tordai are given 
by eq. 7

r ( 0  = 2 Co ]i'A -  f f /2lV  -  I2) d! • (7)

The experimental data, equilibrium surface tension 
data, and equation of state data22 then permit cal­
culation of T(t) from observed dependence of sur­
face pressure on time, and permit calculation of 
U(t) assuming surface anc subsurface are in equi­
librium. Equation 7 then permits calculation of the 
apparent diffusion coefficient Da; if the adsorption 
kinetics are diffusion controlled D a should be inde­
pendent of concentration and time, and equal to the 
actual diffusion coefficient. The results of this in­
vestigation were qualitatively in accord with those 
of Ward and Tordai; the apparent diffusion coef­
ficient for all substances studied here increased 
with time, increased with concentration and at all 
times and concentrations was less than the true dif­
fusion coefficient. With aqueous solutions of hep- 
tanoie acid, for example, ranges of Da calculated in 
the range 5 to 25 milliseconds for those surface ten­
sion-time curves showing appreciable structure were 
as follows: C0 =  9.38 X LO" 4 M, 0.22 ^ 106Z>a ^

(22) R . K . Schofield and E . K . R idcal. 1‘roc. Itoy. Sac. (L ondon ), 
A109, 57  (1925); A110, 107 (1920).
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0.45; Co =  15.0 X 10"4 i¥, 0.34 ^ 106Z>a ^ 2.02; 
Co =  18.8 X 10~4 M, 0.86 ^ 106Z> ^ 5.40; C0 =  25.0 
X 10-4, 2.90 ^ 10r>Da ^ 6.50. In each case the 
apparent diffusion coefficient increased almost uni­
formly with time. The true diffusion coefficient may 
be estimated23 to be 8  X 10- 6  cm.2/see. We there­
fore conclude that the adsorption kinetics in the pres­
ent systems are not diffusion controlled ; the theory 
to be developed to represent these systems carries a 
second-order dependence on concentration, and it 
is therefore to be expected that in systems at suf­
ficiently high concentrations the diffusion process 
(which is essentially first order in concentration) 
will become rate limiting.

Suppose the transition state involves m molecules 
from the bulk solution (B molecules) where their 
activity is A b and n molecules from the surface film 
(S molecules) where their activity is A s; the transi­
tion state then can be represented as BmSn, its ac­
tivity as GA, its concentration by C* and its activ­
ity coefficient by 7 ± . The adsorption process can 
then be represented by 

K* h
wB +  «S BWS„ — ^ (to -  r)B +  (n +  r)S (8)

The principle of microscopic reversibility then de­
termines that the reverse reaction must be of the 
form

Vi /c,j
(m — r)B +  (n +  r)S < > BmS» — >■ wB +  7/.S (9)

and the net rate of adsorption d r /d i must therefore 
be of the form

dr k*KaanmQ.sn kdK<i GBm _r Gs” ̂j r db =t v *■ ̂  /at 7  7

Further development will be limited to the special 
case m — 2, n — 0, r =  1 which proved to represent 
our data very well. In this case we have

dr
dt —5  [XXa Gn — kiiKd Gs j 7 (ID

We now define standard states and indicate as­
sumptions concerning activity coefficients.

1 . The standard state for the solute in bulk is
taken such that lim <*b/C b =  1 where Cb is 

e->-o
the molar bulk concentration of solute; in the case 
of the dissociating fatty acids Cb is the concentra­
tion of undissociated fatty acid. The highest con­
centration studied in this work was 7.5 X 10~ 3 mo­
lar; under these circumstances we may assume a b 
=  Cb for all syst ems studied.

2. The standard state for the surface molecules 
is taken to be the same as that for bulk molecules. 
With this definition as =  « b =  Cb at equilibrium, 
and therefore kAK A =  k^Kn =  The surface fu- 
gacity / may be defined in terms of the surface pres­
sure x by

7r 0 2 )

where 6 =  wA/RT — 1 may be obtained from the 
surface Amagat diagrams of Schofield and Itideal22 
and from similar diagrams prepared from the work 
of Addison7 and Dervichian.8 The reference fugac- 
ity/o must then be such that, at equilibrium, f/f0 =

(23) W . Jost, "D iffu sion ,”  A cadem ic Press, N ew  Y o rk , N . Y .,  
1952, p 475.

Cb. Evidently / 0 is equal to the Traube constant,
i.e.y fo =  lim t /C b, and is available from the 

c— 0
equilibrium surface tension data cited. 7-8-14" 17 

Therefore also Gs =  ///o , Gb =  /« //o , where /«> is 
the equilibrium surface fugacity.

3. The standard state for the transition state is 
taken to be such that lim y *  =  1 .

7r—>-0
With these definitions eq. 1 0  can be rewritten in 

the two equivalent forms eqs. 13 and 14

dr
d£

dr
d£

ßysCn j
7  V o  (

ßCt
f/fo) (13)

X J — 7r| (14)

where ys =  exp f*  <t>/x d x j is the activity coeffi-
cient of adsorbed molecules at spreading pressure 
x. Further

dr = dr djr o
'dt dir d£ (15)

the values of d x /d t are available analytically from 
eq. 4 and the values of dF/dx are available from the 
cited equation of state data. This information 
suffices to establish the ratio /Sys/yV since all other 
quantities in eqs. 13 and 14 are known. Further 
since by definition lim y^ =  1 , '  lim ys = 1 it7T—>-Q 7T—>0
follows that lim /Sys/y* =  |3, establishing ¡3.

7T—*0
Since ys is known as a function of x, y*  can now be 
established as a function of x, and perhaps of Cb and 
t as well. Now eq. 11 implies that the rate-de­
termining step in the adsorption process occurs in or 
near the surface film, and if this is true the activity 
coefficient 7 =*= should depend explicitly on x only, 
and only implicitly on concentration and time. In 
other words, for a given solute y*  should have a 
definite value for a given value of x whether this 
value of x is reached in short times with high con­
centrations or in long times with low concentrations. 
Further, the variation of y * with x should be phys­
ically reasonable if the mechanism proposed is cor­
rect.

Figure 9 presents a plot of log jSys/y* against x. 
including data from all systems studied in the pres­
ent work as well as those of Addison and Dervich­
ian. Surprisingly, the data for these different sys­
tems do not differ sufficiently to justify separate 
curves to be drawn through them, and the com­
mon curve corresponds to a common value of (3 of 
0.8 ±  0.3 and a common dependence of y =t on x. 
Considering that the calculation of she ratio (3ys/ 
y -  involves addition of errors in the original sur­
face tension-time data, representation of these data 
by an empirical equation, equation of state data, 
and Traube's constant data the scatter of results 
covering three orders of magnitude in concentration 
and live orders of magnitude in time seems to us 
remarkably small.

Figure 1 0  compares the dependence of the surface 
activity coefficient for octanoie acid at the water- 
air interface, butyric acid at the water benzene in­
terface (both from work of Schofield and Itideal22) 
and octanoie acid in the transition state (from the 
present work). An ideal film would have an activ­
ity coefficient (with standard states as defined) of
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Fig. 9.—Dependence of 0(yt/y+) (¡3 — second-order rate 
constant, y„ and y +, surface and transition state activity 
coefficients) on spreading pressure (see eq. 14 in text).

unity independent of spreading pressure. The ini­
tial decrease in activity coefficient of octanoic acid 
at the water-air interface witdi increasing spreading 
pressure reflects the attractive interaction of the 
hydrocarbon chains at this interface; the de­
crease does not occur at the water-benzene inter­
face because no energetic advantage accrues to 
molecules in the interfacial film by addition of 
nearest neighbors since their interaction with ben­
zene is substantially equally favorable. With in­
creasing spreading pressure the activity coefficient 
increases, and at sufficiently high spreading pres­
sures the logarithm of the activity coefficient varies 
almost linearly with spreading pressure, reflecting 
the finite cross sectional areas of the adsorbed mole­
cules. The slopes of these portions permit estima­
tion of the cross sectional areas as ~ 2 5  À . 2 in both 
cases. The calculated activity coefficient for the 
transition state shows no initial decrease; the plot 
of log y* against ir is almost linear, resembling the 
corresponding curve for the water-benzene inter­
face but having a steeper slope. The cross sectional 
area indicated by this slope is '--dOO A.2. The lack 
of an initial decrease indicates no stabilization of 
the transition state by molecules already in the film. 
Both this and the large effective cross sectional area 
suggest that the transition state is poorly oriented 
for strong interaction with molecules already in the 
film, and the area defended by a poorly oriented 
octanoic acid dimer could easily be of the order of 
magnitude calculated.

It is improbable that the rate constants ¡3 and 
transition state activity coefficients are strictly in­

dependent of chain length, but more likely that 
small systematic variations (probably such that ¡3 
decreases, and y ± increases with increasing chain 
length) have been masked by the accumulation of 
experimental and computational errors previously 
mentioned.

We conclude that equations ( 1 1  and 13) well rep­
resent the kinetics of acsorption of aliphatic acids 
of from 5 to 11 carbons at the water-air interface, 
that the transition state activity coefficient involved 
varies reasonably with spreading pressure, and that 
neither the transition state activity coefficient nor 
the rate constant varies appreciably with chain 
length. The adsorption kinetics are not diffusion 
controlled, but involve a dimeric transition state 
located (substantially) in the surface film.

Fig. 10. Dependence of transition state activity coef­
ficient on spreading pressu e compared with equilibrium 
activity coefficient-spreading pressure data from work of 
Schofield and It ideal.22
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EVALUATION OF DIFFUSION COEFFICIENTS FROM 
SEDIMENTATION VELOCITY MEASUREMENTS

B y  H ir o s h i  F u j i t a 1
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For two-component systems in which the sedimentation coefficient -s is a linear function of solute concentration C, a pro­
cedure is developed which permits determination of the diffusion coefficient D from sedimentation velocity measurements. 
The basis of the development is an approximate equation derived recently by Fujita for the height-area ratio of the sedi­
mentation boundary curves in such systems. This procedure is tested by using the height-area data of Baldwin for bovine 
plasma albumin, and it is found that the values of D computed by the present method agree satisfactorily with those pre­
dicted from the free diffusion experiment of Gosting.

Introduction
Data for the height-area ratio, 11/A, from sedi­

mentation velocity experiments may be used to 
evaluate the diffusion coefficient of a given two- 
component system, provided that an adequate 
theoretical equation for H/A is available and the 
values of other parameters involved in the equa­
tion are experimentally known. Such an equation 
previously has been derived2 for the case in which 
both the diffusion coefficient D and the sedimenta­
tion coefficient s are independent of solute concen­
tration C. However, because s generally varies 
with C, its applicability is quite limited. In fact, 
it has been shown quite recently by Baldwin3 that 
even a slight dependence of s upon C causes an ap­
preciable inaccuracy in the determination of D when 
use is made of the equation which neglects this ef­
fect. Fujita4 derived an equation for H/A from 
his approximate solution of the ultracentrifuge 
equation of Lamm5 in which s is a linear function of 
C and D is constant. However, no practical pro­
cedure was given by which his equation could be 
utilized to evaluate I) from experimental H/A data. 
In an application of the equation given by Fujita 
to data for bovine plasma albumin, Baldwin3 has 
used a method of successive approximations to de­
termine the values for 7) from measurements of 
H/A . This method is useful when an approximate 
value for the diffusion coefficient of the system 
concerned is known in advance. However, since 
this is not generally the case, it is worthwhile to 
devise a procedure for the evaluation of D which 
permits straightforward application of Fujita’s 
equation to observed data. In this paper, such a 
procedure is presented and tested by using Bald­
win’s data3 on bovine plasma albumin.

Method
If was shown4 that the height-area ratio. H/ 

.1 . of a sedimentation boundary in a. two-component, 
system where s has a concentration dependence 
of the form

<C) -  s(0)(1 -  kC) (J)
and where D is constant is given by

H _ e~C/'£)
A  ~  n d T -M T - xj7A[[7(T^-'7-r) Ivi (2)

(1) On leave from the Physical Chem istry Laboratory, Department 
of Fisheries, U niversity of K yoto, XIaizuru, Japan.

(2) T . Svedberg and K . O. Pedersen, "T h e  UHraoentrifuge,”  
Clarendon Press, Oxford, 1940.

(3) R. L. Baldw in, Biochem . J. (L o n d o n ),  65, 503 (1957).
(4) II. F u jita, J. Chem. Phys., 24, 1084 (1956).
(5) O. Lam m , Arkiv M at. Astron. F ysik, 21B, No. 2 (1929).

Here

Ffe..) = ^ 1 .  +  2£n(ir)'A[l +  $(£m)] (3)

t, % /?(X)'A (4)
1 +  (1 -  X)x/*

0 =  (* /e ),/l (5)

>* II a t CX l (6)

i>(x)
2 /*•’-

-  M '/ J o
(7)

The other symbols appearing in these equations 
have the significance

«  = kCo, r = 2W-s(0)t, e = 2D/[roW O)} (8)
where o> is the angular velocity of the rotor, r0 is 
the radial distance from the axis of the rotor to the 
initial boundary formed between solution and sol­
vent, and Co is the concentration (weight per unit 
volume of solution) of the starting solution. 

Equation 2  may be rewritten in the form
( ? ( $ , « )  =  2 a r (, ( H / A )  s i n l i  ( t / 2 )  ( !> )

where

G(.r) = 2,r yc (*•)'-’di + T(x)p ( 10)

Because equation 2  was derived under the assump­
tion that t < <  1, equation 9 may be written in the 
approximate form6

<?(!„,) =  nr6(H/A)r (11)

Equation 1 1  may be solved for to give
(J2 )

where
y — nl'a(H / A )t (M)

and G“ 1 is the inverse function of (1. In terms <>1 
the original variables ('([nation 13 may be written 

y  =  2i-«M2.s(())iCo(///-1 ) t  ( I t )

On the other hand, equation 4 for £n, may be ex­
panded in powers of r, and we have finally

= ^  [ 3 “  l (1 -  &C0)«*8 (0 )t](i)V* (Jo
Here terms of order r2 have been neglected in com­
parison with unity to conform to the approximation 
used iu deriving equation 1 1 .

Substitution of equations 14 and 15 info equation 
1 2  yields

(6) T h e approxim ation involved bore is such (bat terms of order 
t2/ 24 are neglected in comparison with unity.
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T a b l e  I
N u m e r i c a l  V a l u e s  o f  (7 ~ I(.r)

X G-»(*) X <?-*(*) X G- ‘ (•T)
0 .00000 0 .00 0.74.71 0.48 5.5068 1 65

.02286 .02 0.7890 .50 5.8337 1 70

.04632 .04 0.8984 .55 6.1715 1 75

.07030 .06 1.0145 .60 6.5200 1 80

.09508 .08 1.1378 .65 6.8792 1 85

.1204 .10 1.2084 .70 7.2491 1 90

. 1404 .12 1.4008 .75 7.6296 1 95

.1731 .14 1.5532 .80 8.0207 2 00

.2005 .10 1.7080 .85 8.8344 o J0

.2285 .18 1.8714 .90 9.6898 2 20

.2573 .20 2.0438 .95 10.5866 2 30

.2869 .22 2.2253 1.00 11.5243 2 40

.3172 .24 2.4102 1.05 12.5027 2 50

.3483 .26 2.0(09 1.10 13.5217 2 60

.3802 .28 2.8274 1.15 14.5810 2 70

.4129 . 30 3.0479 1.20 15.6806 2 80

.4461 .32 3.2788 1.25 16.8204 2 90

.4808 .34 3.5200 1.30 18.0002 3 00

.5100 .36 3.771.7 1.35 20.4801 3 20

.5522 .33 4.0340 1.40 23.1200 3 40

. 5893 .40 4.3070 1 45 25.9200 3 60

. 6273 .12 4.5907 1.50 28.8800 3 80

. 6662 .44 4.8853 1.55 32.0000 4 00

.7061 .46 5.1906 1.60 35.2800 4 .20

T abi,E II
Sr MMAKV of Baldwi \X D ata os  Boy \K Plasma Vlbfmu

Co = 0.57 jr./lOO ni. Co = 1.35 g./lOO mi.
s(0) = 4 86 X 10"1 O c .) *(0) = 4.92 X JO"1;i(ser.)
k = 0 057 (100 ill1/g.) 0.059 (100 li>)■/e-)
to ._ •> — t>919 X io7 (rad.2 CO “ ~ 3.919 X 10; (>■ad.2

soc ~2) sec .'-!)
>'n = 5 901 CHI. r(, -  5. )38 cm.
Tcmp. = 24.50° Temp. = 25.07°

l (see.) A/li (cm.) t (SCI!.) A/n (cm.)
0 60 X LO3 0. 6SS X 10 1 J . 1 0  x KB 0.956 X IO' 1
1 08 0.909 I .88 1.086
J 56 1 .093 2 36 J . 206
2 04 1.252 2.84 1 .309
2 52 1.389 3.32 1 .406
3 00 ! . 522 3.80 1.478
a IS 1 .635 4.28 I . 572
3 Dii 1.729 4.76 1 .642
•1 4 1 1.828 5.24 1.699

ml. fulfill this condition. The reason that the data 
for C0 =  1.35 g./lOO ml. are not in accordance with 
the prediction is not clear, although it is possible to 
draw a straight line so that it represents all plotted 
points adequately and passes through the origin. 
The slopes of the straight lines drawn in Figs. 2  and 
3 give for D values of 6.79 X 10~ 7 and 6.93 X 10~ 7 
cm.2/sec., respectively. These values may be com­
pared, respectively, to 6.85 X 10~ 7 and 6.94 X 10- 7  
cm.2/sec. as estimated by Baldwin3 from the free 
diffusion experiments of Gosting.8 The corre­
sponding values of D obtained by Baldwin3 from 
his sedimentation velocity experiments are 7 . 0 2  
X 10- 7  and 6.76 X 10~7 cm.2/see.; he started his 
iteration procedure with the D values predicted 
from Gosting’s work and obtained these values in

(8) M easurem ents quoted in R . L . Baldw in, L . J. Gosting, J. W. 
W illiam s and R . A . A lberty, D isc. Faraday Sac., 20, 13 (1955).

the second step of the iteration. Further itera­
tions may lead to values for D which are closer to 
the predicted ones.

It is seen that the values of D derived by the 
method presented above agree with the predicted 
ones to within 1%. Such agreement is better than 
one has reason to expect because the precision of 
height-area ratio measurements from the schlieren 
boundary photographs currently obtainable is not 
so high as to warrant such accuracy. It is signifi­
cant that D can be evaluated directly with a rea­
sonable accuracy from sedimentation velocity 
measurements only, provided that the given system 
obeys equation 1 .

Discussion
Equation 2  was derived with an initial condition 

consisting of a sharp boundary formed between 
solution and solvent. Experimentally, this type of 
initial condition can be obtained only in the re­
cently developed synthetic boundary cells. 9’ 10 
Strictly speaking, equation 2  is inapplicable to 
Baldwin’s data, because they were obtained in a 
conventional ultracentrifuge cell initially filled 
with only one uniform solution. Thus the fairly 
good agreement obtained between the calculated 
and predicted D values may be fortuitous. How­
ever, at least an approximate justification for the 
direct analysis of Baldwin’s data in terms of equa­
tion 2  is obtained from a recent study by Fujita and 
MacCosham11; they showed that when D is suf­
ficiently small and s is sufficiently large, as in the 
system studied by Baldwin, the "zero-time correc­
tion”  which is associated with the presence of the 
cell meniscus is negligible. This means that under 
such conditions a sedimentation boundary which 
originates from the initial condition obtained in the 
conventional cell behaves as if it originated from a 
sharp boundary formed between solution and sol­
vent at the position corresponding to the meniscus. 
Thus equation 2  may be applied to Baldwin’s data, 
with the single modification that r0 is taken as the 
radial distance from the axis of rotation to the men­
iscus.

Recently Fujita12 derived an equation similar to 
equation 16 from a study of differential sedimenta­
tion boundaries; here a differential boundary is 
defined as one which originates from a sharp bound­
ary formed between solutions of slightly different 
concentrations. The data for the function G~l(x) 
given in Table I are also useful when evaluating the 
diffusion coefficient from height-area ratio measure­
ments of such differential boundaries. A practical 
procedure for the determination of D for this case 
has been described. 12
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Some physical and chemical properties of germanium films sputtered by a discharge in an inert atmosphere have been 
studied. A detailed investigation of the ortho-para conversion of hydrogen catalyzed by the germanium between 77°K. 
and room temperature reveals a twofold origin of the conversion, magnetic and chemical; the activity due to either mecha­
nism is remarkably high. Both mechanisms are believed to be due to a high concentration of single or very weakly coupled 
electrons in the defect surface. The oxygen adsorption on the films at 77°K. was studied by measuring adsorption isotherms 
and by investigating the influence of different amounts of oxygen and of absorbed light on the activity of the films. A 
weakly adsorbed layer of oxygen was found at low relative pressures at 77°K. Failure of this oxygen layer to induce a mag­
netic conversion in hydrogen indicates that this reversible adsorption is a weak chemisorption. It is shown to be the pre­
cursor of a stronger chemisorption at room temperature. The reversible nature of this adsorption and its interaction with 
unsaturatcd surface electrons and with the space charge layer of the germanium is discussed.

In this paper we report an investigation of some 
magnetic, catalytic and electrical properties of 
germanium and of their changes by adsorption of 
oxygen. Germanium was chosen because it is 
available in a state of very high chemical purity 
and because its semi-conducting properties are 
relatively well understood.

Adsorption properties of clean germanium sur­
faces have been investigated in recent years by 
various research groups, 1 - 6  and some work on the 
catalytic properties of germanium at elevated 
temperature also has been reported.7 -8 The scar­
city of work until recently on the catalytic proper­
ties may be due to the high sensitivity of germanium 
to oxygen poisoning and the resulting technical 
difficulties8 m studying its properties.

In the present work a new approach was chosen: 
the parahydrogen conversion at low temperatures 
was used to probe the bare surface and the adsorbed 
oxygen layers. As is known, the parahydrogen 
conversion on surfaces can have two distinct mech­
anisms, 9 both of which were found to be operative 
in the present case. One of these mechanisms, 
mainly found at low temperatures, is a purely 
physical process consisting of the inversion10 of the 
nuclear spins of a hydrogen molecule in a strong 
inhomogeneous magnetic field. This type of con­
version requires no activation energy and is gener­
ally caused the presence of unpaired electrons 
in the surface on which the hydrogen is adsorbed. 
As previously shown in the case of Ti()2,u a study of 
this type of conversion reveals the existence of free

(1) J. A . D illon and II. Ii. Farnsw orth, ./. A p p l. P b y s .,  28, 174 
(1957).

(2) P . H andler in "S em iconductor Surface P h ysics,”  U niversity  of 
Pennsylvania Press, Philadelphia, P a ., 1959. p. 23.

(3) M . Green, J. A . K afalas and P. IT. Robinson, ref. 2, p. 349.
(4) J. T . Law , T his J ournal., 59, 553 (1955).
(5) R . M . D ell, ib id ., 61, 1584 (1957).
(6) S. P. W olsky, J. A ppl. P k ys.. 29, 1132 (1958).
(7) K . T am am  and M . B oudart in "A d va n ces in C a ta ly s is ,”  Vol. 

I X , A cadem ic Press, N ew  Y o rk , N, V ., 1957, p. 099.
(8) S. Z. R oginskii and V. M . Frolov, Dolclady Akad. N auk SS SR , 

1 1 1 , 623 (1956).
(9) A . Farkas, ‘ ‘O rthohydrogen, P arahydrogen and H eavy H yd ro­

gen ,”  Cam bridge U niversity  Press, Cam bridge, 1935, p. 89.
(10) E . W igner, Z . physik . Chem ., B23, 28 (1933).
(11) Y . L . Sandler, T h is  Journal, 58, 54 (1954).

valences in the bare surface and also enables us to 
distinguish between paramagnetic and diamagnetic 
forms of adsorbed oxygen.

The second mechanism in the parahydrogen 
conversion has a “ chemical” origin; it involves the 
activation of the H-H bond and it is analogous to 
the hydrogen-deuterium exchange reaction which 
we also have studied. A thorough study of the 
kinetics of the ortho-para conversion was carried 
out in order to differentiate between the two 
mechanisms.

The adsorption and desorption of oxygen at low 
temperatures and its influence on the reactivity of 
the solid also was investigated. In this way differ­
ent types of adsorption could be distinguished. 
Electrical conductivity changes and the influence of 
absorbed light were studied to elucidate the nature 
of the interaction between semiconductor and 
adsorbed oxygen.

A convenient technique of sputtering a german­
ium film by an electric gas discharge was adopted 
in the present experiments. It gave films of rela­
tively high surface area, and new films could be 
sputtered on top of old ones to give excellent repro­
ducibility.

Experimental
Vacuum System.—Some initial experiments were carried 

out with an ultra-high vacuum system.12 However, be­
cause of the catalytic activity of the metal valves, this sys­
tem was abandoned in favor of a good conventional vacuum 
system.

Mercury pumps and liquid nitrogen traps were used giv­
ing (in the later experiments with “ thick films” ) a vacuum 
of 10“8 mm. or better, as measured by an ion gauge at the 
entrance to the reaction vessel. For isolating the reaction 
vessel, a greased stopcock was used with liquid nitrogen 
traps on either side of it; it was well ground and polished and 
required only a very thin film of grease (Apiezon N) for 
lubrication. After extended degassing, a vacuum of better 
than 10~f> mm. could be maintained for many hours in the 
closed reaction vessel (without the presence of a gettering 
film).

Reaction Vessel.—The reaction vessel, made of Nonex 
glass, had a volume of about 90 cc. It contained two 
pieces of intrinsic germanium having an impurity concen­
tration of less than 1013/cc. The pieces were perforated and 
slipped over tungsten leads. Before the leads were sealed 
in the tube, the germanium was etched in an H2O2-HF

(12) D. Alpert, J .  A p p l . P k y s . ,  24, 860 (1952).
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solution and outgassed in vacuo in a quartz vessel, heated to 
S00° for 2 days. The tube contained 2 strips of evaporated 
gold serving as electrodes for conductivity measurements on 
part of the film. Tungsten leads and molybdenum springs 
were used for making electrical contact with the strips. 
The vessel was degassed for 3 days at 300°. It was simi­
larly treated overnight each time before a fresh film was de­
posited over an old film.

The molybdenum springs ceased to make contact after 
repeated heating and cooling of the vessel. Conductivity 
measurements thus could be made only in the initial experi­
ments on thin films.

Conductivity Measurements.—These were carried out 
in a screened Wheatstone bridge circuit with 1.5 volt d.c. 
The imbalance due to conductivity changes was measured 
with a Keithley VTVM, type 200B.

Pressure Measurements.—The vacuum system con­
tained what we call a “ Toepler Gauge,”  as previously de­
scribed.11 This was used for calibrating volumes, mixing- 
gases, and for calibrating the thermistors.

One of the thermistor gages was connected directly to the 
reaction vessel and one to the gas inlet before the vessel. 
They were used for ad- and desorption measurements with 
oxygen, hydrogen and krypton. The electric setup was 
roughly the same as used by Rosenberg.13 The calibration 
curves (log pressure versus log voltage) for oxygen gave an 
almost straight 45 degree line between 3 X 10-4 mm. (1.5 
mv.) and 3 X 10-1 mm. (1.5 v.). For calculating the pres­
sure in the reaction vessel when below room temperature, 
the thermal transpiration corrections of Bennett and Tomp­
kins14 were used.

Hydrogen Analyses.—Ortho-para analyses were carried 
out by the Farkas micro-method.15 In hydrogen-deuterium 
exchange experiments, samples were taken off the system 
and analyzed by mass spectrometer.16

Gases.—0 2, Kr (for surface area determinations) and He 
(for sputtering the film) were of spectroscopic purity. 
H2 and D2 were purified by passage through hot palladium 
tubes. Parahydrogen and orthodeuterium were prepared 
by adsorption on charcoal at solid nitrogen and liquid hy­
drogen temperatures, respectively. Equilibrium hydrogen 
was obtained by keeping hydrogen in a vessel containing 
charcoal impregnated with a paramagnetic salt; it was kept 
in the same temperature bath as the reaction vessel.

Because the films were found to be extremely sensitive to 
traces of oxygen, the gases in the initial experiments were 
passed over a freshly evaporated magnesium film before 
entering the reaction vessel. No ortho-para conversion 
took place in parahydrogen during the short contact time. 
In later adsorption experiments the film was discarded. 
W h e ii  using normal hydrogen directly from the palladium 
tube, it was found that no poisoning of the film occurred. 
The other gases used generally caused a certain loss in ac­
tivity due to impurities. Therefore the change in activity 
was frequently checked by remeasuring the rate of conver­
sion of normal hydrogen to equilibrium hydrogen under 
standard conditions, viz., at 77.2°K. and 4.5 mm. pressure. 
All curves given in the paper are corrected for changing ac­
tivity.

Sputtering of Films.—The transparent “ thin films”  used 
in the first experiments were obtained by a discharge in 0.3 
mm. helium, applying 1600 volts, 2 ma. d.c. for 10 minutes 
with the reaction vessel in a liquid nitrogen bath. “ Thick 
films”  of about 1 n thickness (estimated from interference 
colors) were produced in the following manner: A strong 
discharge was passed in krypton between the two germanium 
electrodes, the gas being replaced a number of times. The 
electrodes became red hot in this process and thus were 
further freed from active gases. After degassing the coating 
produced by this discharge, at 300° in vacuo, new germanium 
was sputtered under milder conditions onto this coating in 
4 mm. helium (300 volts, 35 ma., 30 minutes, 77°K.). 
The films were of rather non-uniform thickness; they had a 
geometric surface area of about 20 cm.4.

(13) A . J. Rosenberg, J. .4m. Churn. Hoc.. 78, 2929 C195G).
(14) M . J. Bennett and F. C . Tom pkins, Trans. Faraday S oc.. 53, 

185 (1957).
(15) R ef. 9, p. 25.
(16) T he authors are indebted to W. M . Hickam  and his group for

carrying out tiie analyses.

Results
The first films (“ thin films;” see Experimental 

Section) were produced under poorer vacuum 
conditions than later films, and also before the 
additional cleaning of the germanium electrodes by 
a strong krypton discharge. They produced only 
a very slow conversion in hydrogen adsorbed at 
77°K. (in a static system). The first film gave a 
half-life r for the parahydrogen conversion of 25 
hours. The activity of the films increased each 
time when a fresh film was sputtered on top of the 
old film. When the conversion was remeasured 
after certain time intervals, the rate was feund to 
fall off gradually. This loss of activity was prob­
ably caused by adsorption of oxygen due to the 
residual oxygen pressure in the system.

The hydrogen reaction was found to have the 
characteristics of a magnetic spin inversion. No 
chemical activity was found; after the exposure of 
a 2 0 -hour film, (i.e., a film giving a half-life with 
light hydrogen of 20 hours at 77°K. and 4.5 mm. 
pressure) to a hydrogen-deuterium mixture, no 
measurable amount of HD was found alter 16 
hours; the exchange reaction must have been at 
least 1 0 0  times slower than the parahydrogen 
conversion.

With light hydrogen, the conversion at 89.8°K. 
proceeded 2.27 times more slowly than at 77.1°K. 
The negative temperature coefficient of the reaction 
again shows that the mechanism cannot be a 
chemical one; moreover it shows that the magnetic 
reaction itself is the rate determining step (and not 
desorption of the hydrogen).

The order of the reaction — 1 — (d log r /d  
log p )t was found to be 0 .8 . We can evaluate the 
heat of adsorption Q of the hydrogen from the 
experimental activation energy ft, assuming that 
for a magnetic conversion the “ true activation 
energy” Es is negligibly small. From the relation17

E = Es — (ntQ -  RT ) (1)

we find Q =  1400 cal./mole, a reasonable value for 
the molecular heat of adsorption of hydrogen. 
Later experiments made it clear that the surface of 
the thin films was not atomically clean. The 
results are characteristic of a surface containing a 
complete monolayer of strongly chemisorbed oxy­
gen.

Reaction Mechanism with “ Thick Films.” —The
following experiments were carried out with “ thick 
films”  (see Experimental Section). They were 
found to be much more active than the first thin 
films. Each fresh coating sputtered onto an old 
film gave a reproducible high activity. The para­
hydrogen conversion at 77°K. and 4.5 mm. pressure 
(“ standard conditions” ) gave a half-life r = 13.5 
±  0.5 minute. This value increased in some cases 
by up to 2 0 %  after the film was allowed to warm 
up to room temperature in vacuo for a short time 
to release the trapped helium.

A measurable hydrogen-deuterium exchange was 
now found to take place at 77°K.; it was 12 times 
slower than the parahydrogen conversion. This 
shows that also the conversion, at least in part, 
must involve a chemical exchange reaction of the

(17) Y. L. Sandler, J . C h em . P h y s 21, 2243 (1953),
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same type. The H2-D 2 exchange generally 
proceeds at a lower rate because of the 
smaller zero-point energy of adsorbed deu­
terium. However, the following investiga­
tion showed that in the hydrogen conversion 
an additional mechanism— the magnetic type 
of conversion—is operative which predomi­
nates at 77°K.

The ortho-para conversion in deuterium 
was measured under the same conditions; it 
proceeded 4 times more rapidly than the 
H2-D 2 exchange. This shows that zero-point 
energy differences alone cannot explain the 
discrepancy between the rates of the hydrogen 
conversion and the H2-D 2 exchange. 'The 
relative rates18 for light and heavy hydrogen 
for a magnetic surface conversion cannot be 
predicted with certainty; their ratio usually 
lies between 1 and 4 at liquid air temperature.
The ratio 3 found in the present case thus 
is within the expected range for the almost 
purely magnetic reaction at 77°K.

There is still another difference in the de­
tailed mechanism that could in principle ac­
count for the difference in reaction rates of 
the ortho-para conversions (of H2 as well as 
D2) and the hydrogen-deuterium exchange reac­
tion. In a chemical parahydrogen conversion the 
two atoms desorbing from the surface can come 
from the same parent molecule, while the exchange 
reaction obviously requires the exchange of atoms 
coming from different molecules. For this reason 
the kinetics of the two reactions was further 
studied.

Figure 1 shows the half-life at 4.5 mm. pressure, 
plotted on a logarithmic scale, versus the inverse 
absolute temperature. Here a less active film of 
83 minutes standard half-life was used, produced by 
adding traces of oxygen; this made it possible to 
extend the measurements to higher temperatures, 
where reaction rates with clean films became too 
fast.

The exchange reaction gives a practically straight 
line between 77 and I80°K. The activation energy 
corresponding to this line is E  =  1600 cal./mole. 
It follows from the shape of the two curves that the 
mechanism of the two reactions must be essentially 
the same in the higher temperature region (above 
120°K.). In the low temperature region, however, 
the conversion curve is seen to bend down (faster 
rates). Here evidently another mechanism be­
comes predominant.

Figure 2 shows the pressure dependence of the 
conversion at 77 and 90°K. for an almost fresh film 
of 23 minutes standard half-life (lower curves), 
and the same for an oxidized film of 4.5 hours half- 
life (upper curves). Log r is plotted vs. log p. 
The reaction order ttk =  1 — (d log r/b log p )t 
can be calculated from these curves. It was low 
and varied rapidly in the measured region. For 
example, at 77°K. for the faster film it changed 
from 0.35 at 2.5 mm. to practically 0 at 20 mm. 
pressure.

With the more strongl}r poisoned film (upper

T° K.

(18) Y. L. Sandler, C a n . J .  C h em . ,  32, 258 (1954).

Fig. 1.—Half-life of parahydrcgen conversion (H2) and of 
hydrogen-deuterium exchange (F_D) vs. the inverse tempera­
ture.

curves) we see that the two curves for 77 and 90 °K. 
cross over near 4 mm. pressure. Thus, in the lower 
pressure region the half-life actually begins to de­
crease again with deceasing temperature. We 
have here a region of “ negative activation energy”  
B  characteristic of the magnetic conversion. It 
follows from equation 1 that for a magnetic con­
version (Ea «  0) E  will be negative, unless nk ~  0 
(as is the case in the higher pressure region). 
The leveling off of the conversion curve (Fig. 1 ) 
at 77° K. can only be explained on the basis of a 
mechanism that is magnetic, at least to a large 
extent.

Practically no hydrogen-deuterium exchange was 
found with the more strongly poisoned film; 
the exchange proceeded about 1 / 2 0 0 th as fast as 
the conversion. The initial results obtained with 
thin films (a large ratic thd/ th, and a negative 
activation energy) are characteristic for films 
inactivated by oxygen.

Effect of Oxygen at Very Low Pressures.—
Figure 3 shows the effect on the conversion at 77°K. 
of measured amounts of oxygen, adsorbed at very 
low pressures at 77°K. The surface was exposed 
to increasing amounts of oxygen which were taken 
up quantitatively. The initial pressures, before 
adsorption, were between 1.5 X 10~ 5 and 2.2 X 
10 ~ 4 mm. The number of adsorbed oxygen mole­
cules is plotted against the percentage loss in activity 
=  (1 — t0/ t) X 100, n  of the fresh film being 16 
minutes in the present case. It is seen that the 
activity loss is not a linear function of the amount 
of oxygen taken up. The initial decrease in activ­
ity to one-half is causec by an amount of oxygen 
only enough to cover 0 4 cm.2. On a plot of the 
amount taken up versus activity loss on logarithmic 
scales, a roughly straight line was obtained for 2  
films.

The oxygen adsorption in this region of very low 
pressures is believed to have taken place on the
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Fig. 2.—Pressure dependence of half-life for two 01ms of 
different activity.

Fig. 3.—Number of adsorbed oxygen molecules versus activ­
ity loss.

atomically clean parts of the surface. The larger 
part of the activity for the parahydrogen conversion 
is due to this bare part of the surface. Tire IT2-D 2 
exchange reaction apparently can occur only on 
the clean parts of the surface. We have previously 
seen that it is almost completely quenched on more 
strongly poisoned films, while some conversion 
activity persists.

A number of adsorption experiments also were 
carried out at room temperature with fresh films 
at pressures of 10~ 4 to 10~s mm. Again a remark­
ably small oxj'gen uptake was found corresponding 
to about 1 cm . 2 coverage. The smallness of the 
uptake was quite unexpected in view of the high 
activity of the films. The reason for this behavior 
may be found in the micro-porous structure of the 
active surface. The pores may be closed by rela­
tively small quantities of oxygen and, therefore, 
there may be no direct relationship between the

amount of oxygen adsorbed and the active surface 
area for the parahydrogen conversion (see Dis­
cussion).

The experiments described from here on were all 
carried out at higher oxygen pressures or with films 
already containing a monolayer of strongly ad­
sorbed oxygen.

Adsorption Isotherms.—The adsorbing surface 
area of the films (“ thick films” ) was determined 
by the BET method, using knrpton at 77°K. The 
film surface area was found to be 400 cm.2, after 
allowance had been made for adsorption on the 
bare glass surface ('—'150 cm.2).

The oxygen adsorption isotherms for the same 
films at 77°K. were determined at pressures be­
tween 3 X 10~ 4 and 5 X 10-? mm. This was done 
by two different methods giving essentially the 
same results, except at the lowest pressures. In 
one method oxygen was adsorbed on the film in 
increasing amounts at constant temperature. In 
the other method a measured amount of oxygen 
was let into the reaction vessel at room tempera­
ture. The vessel then was closed and cooled to 
77°K. After 20 minutes a pressure reading was 
taken again. From the pressure drop the amount 
of adsorbed gas was calculated (taking into account 
the temperature change and the thermal transpira­
tion effect). The vessel then was pumped at 77°K. 
and slowly warmed up again, before a fresh amount 
of gas was let in. These curves were taken with 
higher pressures first, going to lower pressures. 
Both methods gave practically identical results for 
films which had been in contact with oxygen.

In Fig. 4 two such curves are shown plotted on a 
logarithmic scale. The upper curve was obtained 
with a fresh film by the first method; the lower 
curve was obtained by the second method, starting 
with higher pressures first. The adsorption is seen 
to be reversible to a large extent. Adsorption was 
practically instantaneous at the higher pressures. 
Below 10~ 3 mm. a slow adsorption was observable 
which was completed after about 1 0  minutes.

The highest point taken (5 X 10~ 2 mm.) corre­
sponds to a coverage of 300 cm.2, i.e., 75% of the 
BET area, provided that one oxygen molecule is 
adsorbed per two germanium sites (assuming 8  X 
1014 sites/em.2). Unfortunately no higher points 
could be measured to indicate whether the curve 
levels off, because the thermistors became insensi­
tive at higher pressures. At any rate, the reversi­
ble adsorption extends to at least a large fraction of 
a monolayer.

From the upper curve and from a few points 
taken at 90°K., a heat of adsorption of 2.8 keal./ 
mole was evaluated for the low-pressure end of the 
curve (at 5 X 10- 4  cc. coverage, 20 cm.2) ; it should 
be even lower at higher pressures. The relative 
pressures p/p° of the region investigated here are 
between 1.5 X 10~ 6 and 2.5 X 10~4. This should 
be a region between the first strongly chemisorbed 
layer and the physically adsorbed layer (BET 
region).

Dependence of Conversion on 0 2 Pretreatment.
—When increasing amounts of oxygen at 77°K. 
were adsorbed on a fresh film, the film was in­
creasingly poisoned for the parahydrogen con ver-
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Pretreatm ent of film

(1) Fresh film 
Same film
Same, slowly warmed up

(2) 3 fresh films

(3) Fresh film 
Same film

(4) 13 hour film

T a b l e  I

I n f l u e n c e  o f  O x y g e n  o n  A c t i v i t y

A dsornt. 
T, °K .

Oi press., 
mm.

C ontact,
min.

77 5 X 10~2 60

296 5 X 10~2 10
3 X 10"3 10
1 X 10-1 10

296 1.2 X 10“ 1 20

296 10“ 1

Pum ping, Pum ping T, T,
hr. »K. hr.

22.3
22 77 7.6

1 77 to 296 1.6
0.7 296 5.5
0.7 296 5.5
0.7 296 5.5
0.8 296 7.2

44 7.1
5 600 3.6

sion. The half-life r varied from 13 minutes for 
the fresh film to 22 hours for 5 X  10- 2  mm. oxygen 
pressure. (This pressure which is the upper limit 
for the adsorption curve, coincides with the upper 
pressure limit at which the presence of oxj'gen in 
the hydrogen did not influence the ortho-para 
analysis.)

In Table I some typical experiments are sum­
marized. The standard half-life resulting from 
different pretreatments of the film is given.

From example 1 it is seen that a film poisoned to 
22 hours at 77°K. could be reactivated to a certain 
extent by pumping at 77°K. When the film was 
slowly warmed up to room temperature, the activ­
ity increased to a half-life of 1 . 6  hours.

On the other hand, if adsorption was carried out 
at room temperature, (examples 2, 3), the gas 
became much more strongly adsorbed. Pumping 
restores a good vacuum almost immediately. 
The activity is restored to a lesser extent than when 
ad- and desorbing at low temperatures. Example 4 
shows that, with a film strongly poisoned at room 
temperature, even at 300° only partial regeneration 
occurs.

Influence of Light.—With the initial “ thin 
films”  changes in the electric conductivity and in 
the conversion activity were observed when the 
film was illuminated. From the experiments de­
scribed above, it seems clear that they were 
covered from the start with a complete monolayer 
of oxygen.

The initial resistivity of a 20 hour film was 4.6 
X  109 ohm/square. When left in a vacuum for one 
month, the resistivity increased to 1.3 X 1010 
ohm/square, while the conversion half-life in­
creased from 25 to 45 hours.

The 1 month old film was subjected to illumina­
tion by an incandescent lamp, the light being 
focused through the liquid nitrogen bath onto the 
inside surface of the film. The resistivity p was 
now found to decrease with time, obeying within 
the experimental error a logarithmic law

p -  po — const. X log (time) (2)

Fig. 4.—Reversible oxygen adsorption at 77°K.

on illuminating the film considerably decreased. 
From this and the slowness of the conductivity 
changes, it follows that a reversible gas adsorption 
must have been involved.

The films probably were p-type; films from 
intrinsic germanium have a tendency to be p- 
type at iow temperatures owing to electrons 
trapped in surface states. 2 In the present case the 
old films must have been covered with a chemi­
sorbed layer of oxygen. This is known to lead to an 
electron transfer into the surface, thus making 
the space charge layer more p-type. Reversible 
adsorption of oxygen seems to have led to the 
observed decrease in conductivity. This change in 
a p-type layer means that an electron transfer 
took place from the surface to the space charge 
layer. Conversely, illumination led to an electron 
transfer back into the surface and desorption of 
oxygen.

The effect of light on the conversion was studied 
with a film having a half-life of 134 minutes. 
When the film was illuminated in the course of a 
conversion experiment, no effect of the light could 
be detected. However, on pre-illumination of the 
film for a longer period, a small but significant 
effect was found.

T a b l e  I I

between 1 0  seconds and 18 hours after the start of 
illumination. The resistivity during this period 
decreased from 1.388 X 1010 to 1.269 X 1010 ohm/ 
square (±0.003 X 1010j. In the dark it increased 
again, but at a lower time rate. The logarithmic 
law (2 ) observed for the conductivity change is 
equivalent to a logarithmic adsorption law (“ Elo- 
vitch equation” ). After improving the vacuum by 
degassing the traps, the rate of change of resistance

E f f e c t  o f  P r e - i l l u m i n a t i o n  o n  H a l f - l i f e

Pretreatm ent
H* pressure, 

mm.
T em p..

°K .
H alf-life,

min.

Dark 4.4 77.3 134
24 hr. light 4.2 77.2 138
22 hr. dark 4.0 77.0 155
22 hr. light 3.8 76.9 156
24 hr. dark 3.7 77.1 190

In Table II results are summarized showing the
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Fig. 5.—Hydrogen pressure at 77°K. vs. desorption time 
after one minute pumping, for films of different standard 
half-life and for different initial pressures.

influence of illumination on the parahydrogen con­
version at 77°K. The half-life measurements are 
accurate to better than 1%. It is seen that after 
illumination of one day the half-life remained 
roughly the same, while after an equal period of 
darkness the half-life went up. The usual drift to 
longer half-lives in the dark (due to oxygen uptake 
in an imperfect vacuum) is counteracted by light.

The experiments with controlled amounts of 
oxygen have shown that addition of oxygen always 
leads to a slowing down of the conversion. We 
thus conclude that the slow effect of light on the 
conversion is caused by desorption of reversibly 
adsorbed oxygen, which uncovers a paramagnetic 
surface.

Desorption of Adsorbed Hydrogen.— For calcu­
lating the absolute conversion rate on our surfaces, 
the fraction of hydrogen in the adsorbed phase 
must be known. This fraction seemed too small to 
be determined by a conventional adsorption ex­
periment. Therefore, the following procedure was 
adopted, giving us the minimum amount of hy­
drogen adsorbed.

Hydrogen was admitted to the reaction vessel 
at a known pressure po. The reaction vessel was 
then pumped for 60 seconds. After this time the 
vacuum indicated by the thermistor (connected to 
the reaction vessel) was less than 3 X 10 “ 5 mm. 
The reaction vessel then was isolated and the 
pressure increase was determined as a function of 
time. Figure 5 shows three such curves. The 
two outer curves were taken with the same 5 -hour 
film at different initial pressures p0, while the middle 
curve was obtained with a relatively fresh film 
(r =  23 min.). Within the limit of reproducibility 
of the amount desorbed for different films (-~30%), 
no significant difference was found between fresh 
and oxidized films.

From the 4.3 mm. curve we find that at least 60% 
of the hydrogen desorbed in 1 0  minutes; the total 
amount was found by warming up to room temper­
ature. From this amount we calculate that at 
least 1 X 10~ 4 of the total amount of hydrogen 
present in the reaction vessel must have been ad­
sorbed in a conversion experiment at 77°K. and 4.5 
mm. pressure. The coverage corresponds to 1 0  ~ 2 
monolayers. This seems to be a reasonable value 
for adsorbed molecular hydrogen and is not likely 
to be too low to a considerable extent.

Discussion
It appears from our experiments that we may 

distinguish between three different types of surfaces 
having a different effect on the conversion: (1 ) 
the “ bare”  part of the surface, which causes the 
larger part of the magnetic activity at 77°K. with a 
fresh film and also causes the chemical activity;
(2 ) the surface which contains a monolayer of 
strongly chemisorbed oxygen. This type of surface 
is believed to account for a part of the magnetic 
activity but it is chemically inactive; and (3) 
the surface covered by a layer of loosely bound 
oxygen; this surface appears to be completely 
inactive.

(1 ) The source of the high magnetic and the 
chemical activity of the bare part of the surface 
appears to be the same; both are connected with 
the existence of free valences.

It is not known with certainty whether the surface 
electrons must be unpaired to give a “ surface 
paramagnetism” (as defined by the ability to cat­
alyze the magnetic parahydrogen conversion). 
It seems probable that if the spins are far enough 
apart from each other, they may cause a conversion 
even if they are weakly coupled. When in co­
ordination with one of the spins, the relatively 
small hydrogen molecule may be subjected to an 
inhomogeneous magnetic field that is of similar 
order of magnitude as in case of independent spins. 
At any rate, the conversion would be caused by 
highly unsaturated valences.

(2 ) The half-life of the magnetic conversion on a 
film with one chemisorbed oxygen layer is of the 
order of 1 hour. Films contacted with oxygen at 
77°K. can be restored to have a half-life of about 1.5 
hours by a slow warm-up in vacuo (Table I), while 
heating an oxidized film to 300° in vacuo gave a 
film of 3.5 hours. Experiments by various 
authors1-6-19 on the regeneration of oxidized ger­
manium surfaces by heating in vacuo show that no 
regeneration to a clean surface occurs below 400°. 
The partial restoration of activity in our experi­
ments shows that the surface containing a mono- 
layer of oxygen must be at least partly paramag­
netic too. The same result is indicated by the 
illumination experiments with thin films; here we 
concluded that light causes desorption of reversible 
ox\rgen and uncovers a paramagnetic surface. This 
must have been a surface already covered with a 
monolayer of strongly adsorbed oxygen.

The paramagnetism of this surface is believed to 
be caused by residual unsaturated valences. The 
oxygen adsorbed in the form of 0 “  ions on intrin­
sically diamagnetic faces could also be a source of 
paramagnetism.

(3) The second layer is Ioosety bound at 77°K. 
Most of the gas can be desorbed at 77°K. or a 
somewhat higher temperature. When, however, 
a surface partly covered with a second layer of 
oxygen is allowed to warm up to room temperature, 
the oxygen is much more strongly bound. The 
reversible oxygen adsorption at 77°K. is different 
from the stronger activated adsorption known to 
exist at room temperature. 3 Formation of an

(19) A . J. Rosenberg, P . H . Robinson and H . C . G atos, Lincoln 
L aboratory Q uarterly Progress R eport, group 35, N ov. 1, 1957, p. 10.
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adsorption layer of the latter kind requires an acti­
vation energy (5.5 kcal. az monolayer coverage) 
and probably involves displacement20 of surface 
atoms. The weak adsorption at 77°K. is, there­
fore, the precursor of the activated adsorption 
at room temperature.

The build-up of the weakly adsorbed layer is 
accompanied by a continuous decrease in the con­
version rate. This, in principle, might be due to a 
combination of lower hydrogen adsorption and a 
lower transition probability. A much more likely 
explanation, however, is that this layer is diamag­
netic. It cannot then consist of physically bound 
oxygen molecules which would be paramagnetic. 
The adsorption apparently is a weak chemisorption 
involving the pairing of the 7r-electrons of the 
oxygen molecules with the surface. (The tendency 
of oxygen molecules to form weak chemical bonds 
is, for instance, apparent in the formation of 
diamagnetic dimers21 in gaseous and liquid oxygen.) 
The free valences causing the surface paramagne­
tism would be used up in this process, possibly by 
formation of a weak peroxide bond

0 — 0

0  0  6  6
j I +  Oa <__L
Go Ge Ge Ge

Bond formation will thus decrease the electron 
affinity of the surface and result in some transfer of 
negative charge from the surface back to the bulk. 
This would explain the observed photoconductivity 
changes.

Law4 has found similar adsorptions of other 
gases (H2, No, CO, C 02) on a germanium single­
crystal filament at low relative pressures. In view 
of the low heats of adsorption found, Law considered 
these to be “ purely physical”  adsorptions and 
therefore to have no effect on the conductivity of 
the solid. Our results with oxygen indicate that 
adsorption of these other gases is also caused by 
unsaturated valences on the surface and that the 
gases may cause a small conductivity change.

A  similar type of weak adsorption also seems to 
cause the chemical parahydrogen conversion at low 
temperatures on metal surfaces. 2223 Like the 
reversible oxygen adsorption, the reversible hydro­
gen adsorption causes a conductivity change26 
opposite to the initial change produced by the 
strongly adsorbed gas. The weak hydrogen ad­
sorption is the forerunner of a slow adsorption2 4 -2 6  
at higher temperatures, which in most eases is 
probably an activated adsorption (similar to the 
activated adsorption of oxygen on germanium at 
room temperature) and not bulk solution, as has 
often been assumed. 24 26

It will be of interest to compare the rates found 
with the results of previous experiments with para­
magnetic surfaces. We have reported previously

(20) M . Green, ref. 2, p. 372.
(21) G. N . Lewis, J .  A m . Chem. Soc., 46, 2027 (1924).
(22) D. D . Eley, Proc. Roy. Soc. (London). A178, 452 (1941).
(23) A . Farkas and L. Farkas, J .  -4m. Chem. Soc., 64, 1594 (1942).
(24) O. Beeck, “ A dvances in C a ta lysis ,”  V ol. 2, A cadem ic Press, 

N ew Y ork. N. Y ..  1950, p. 161.
(25) F. C. Tompkins, Z . E le k tr o ck em ., 66, 360 (1952).
(26) J. H. Singleton, T his Journal, 60, 1606 (1956).

that magnetic conversions seem to proceed at fairly 
consistent rates11-27 when reduced to an equal 
number of paramagnetic centers and an equal frac­
tion of hydrogen adsorbed on the surface.

It was found11 that 1 X 1013 adsorbed oxygen 
molecules/cm . 2 cause a “ true”  half-life of r9 =  
30 seconds; by definition, rs = r X /, where /  
is the fraction of adsorbed hydrogen. On our 
surfaces the maximum density of paramagnetic 
centers would be about 8  X  10l4/cm . 2 and /  = 
1 X 10-4. On 400 cm . 2 surface (BET area), this 
would lead to an expected half-life of the order 
of 1 hour; or about 3 hours, if we correct for the 
ratio of the squares of the magnetic moments of an 
electron and an oxygen molecule.

It is seen that the strongly chemisorbed layer 
(2 ) causes a conversion of the expected magnitude, 
if we assume that a considerable percentage of the 
surface sites is paramagnetic. On the other hand, 
the residual conversion on the surface covered with 
reversibly adsorbed oxygen (3) is low, owing to the 
formation of the weak chemisorption bond.

The very fast conversion on what we termed the 
“ bare surface”  (1) is striking. The oxygen poison­
ing experiments at the lowest pressures at 773 K., 
as well as the adsorption experiments at room tem­
perature, indicate that the active surface area is 
only of the order of 1 cm.2. Supposing that the 
density of adsorbed hydrogen on the bare surface 
was roughly the same as on the oxygen covered 
parts of the surface, then /  =  1/400 X 10-4. 
The conversion half-life of 13 minutes found for 
this surface then is more than 1 0 3 shorter than 
expected.

A more extended adsorption of hydrogen4 on the 
bare part of the surface cannot explain this large 
discrepancy. We conclude that the area accessible 
to hydrogen is considerably larger than the area 
accessible to oxygen. The active surface apparently 
is located in micro-pores which are plugged up by 
a relatively small amount of oxygen. The effect 
probably is a consequence of the mode of prepara­
tion of the germanium. It is quite possible that 
these “ pores”  are dislocations not located in the 
film but in the solid germanium piece used as a ca­
thode. In any case the strong surface paramagne­
tism of the “ bare surface” is shown to be a con­
sequence of a highly disordered structure, and not 
to be a property of certain perfect surface planes 
(previously considered a possibility28-29).

The same surface caused a high chemical activity. 
The fact that no low temperature activity for the 
hydrogen-deuterium exchange was found by 
Tamaru and Boudart7 with their germanium films 
(produced by the decomposition of germane),

(27) Y .  L. Sandler, ref. 18, p . 257.
(28) Y . L . Sandler, Phya. R e» .,  108, 1012 (1957).
(29) I f  the active area was really sm all (which does not appear 

lik ely), w e could not com pletely rule out the possibility th a t small 
patches of m etallic im purities, produced in the sputtering process, 
m ay have caused the a c tiv ity . Therefore, to confirm our conclusions, 
we recently carried out a conversion experim ent on germ anium  powder 
which had not come in direct contact with m etal. T h e  pow der was 
produced b y  crushing a crystal in an ultra-high vacuum . A gain  a 
conversion was found a t  7 7 ° K ., but the rate per unit area now was 
considerably lower because of the more nearly perfect structure of the 
crushed crystals.
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again points to the conclusion that the activity 
in our case is a structural property.

We might compare the chemical parahydrogen 
conversion at —78° on our films with the conver­
sion at the same temperature on nickel films, in­
vestigated by Singleton. 26 Although the activa­
tion energies are about the same (1400 cal./mole), 
the germanium is about 75 times more active, if the 
active area is assumed to be only 1 cm.2. This 
remarkably high activity again suggests that the 
true active area is larger than 1 cm.2.

Even so, this surface area is not likely to have 
been much larger than the measured BET area 
(~400 cm.2) because we would have found this from 
the hydrogen desorption experiments carried out

with films of different cleanliness. We thus con­
clude that the activity of our films even when re­
lated to the true active area, is remarkably high.

In the case of transition metals and their oxides 
it has been demonstrated convincingly30 that the 
strong low-temperature activity for the hydrogen- 
deuterium exchange is due to surface unsaturation 
connected with an intrinsic property of the cat­
alyst, viz., the existence of unfilled d-shells. It is 
interesting that structural unsaturation, as found 
in the present experiments, may lead to catalytic 
activity of a similar order of magnitude.

(30) D . A . Dow den, N . M ackenzie and B . M . W . T ra p n ell, ref. 7, p . 
65.

STUDIES OF THE HYDROGENATION OF ETHYLENE 
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By W. K eith Hall and P. H. E mmett*
Mellon Institute, Pittsburgh, Pa.

Received N ovem ber 16, 1968

The hydrogenation of ethylene has been studied over a series of copper-nickel alloy catalysts. The activation energies 
obtained were relatively constant with composition over most of the range and with pretreatment, indicating that the 
observed changes in specific activities came about through changes in the frequency factors. No abrupt drop in specific 
reaction rate near the critical composition of 00 atom %  copper was observed. The microcatalytic technique employed 
was particularly well adapted for studies of promoting and poisoning effects and allowed the characterization of a large 
promoting effect of chemisorbed hydrogen on the reaction rate. In the copper-rich range, this effect was so pronounced 
that these promoted alloys were more active than pure nickel. Relationships between the present work and current theories 
of catalysis are discussed.

Several years ago, Reynolds1 studied the hydro­
genations of styrene and benzene over a series of 
copper-nickel alloy catalysts. In both instances, 
the isothermal catalytic activity fell to a very 
small fraction of a fairly high initial activity, as 
the critical composition of 60% copper-40% nickel 
was approached from the nickel-rich side. This 
critical composition corresponds to that for which 
the band theory of metals predicts that the d band 
should be just filled. The magnetic moments at a 
fixed field strength of 5,000 gauss also were meas­
ured for these catalysts and found to fall as ex­
pected from the theory. From arguments pre­
sented by Dowden2 this behavior could be expected 
if positive ions were involved in the reaction mech­
anism, and when copper is alloyed with nickel, the 
activation energy might be expected to increase 
and the frequency factor to decrease near the criti­
cal composition.

Considering the behavior of styrene as observed 
by Reynolds, 1 it was a little surprising from the ex­
perimental viewpoint that a totally different be­
havior in the ethylene hydrogenation was observed 
by Best and Russell3 over a similar series of alloy 
catalysts. These workers observed activities sev­
eral orders of magnitude higher than that of the

* D epartm ent of Chem istry, The Johns Hopkins U niversity, B alti­
more, M d.

(1) P. W . R eynolds, J. Chem. Soc., 265 (1950).
(2) D . A . Dowden, ib id ., 242 (1950); In d . E ng. Chem., 44, 977 

(1952).
(3) R . J. B est and W . W . Russell, J . A m . Chem. Soc., 76, S3S 

(1954).

pure nickel catalyst in the copper-rich range, 
where the d bands of the metals are filled. From 
the theoretical standpoint, however, this discrep­
ancy could be explained in a multiplicity of ways.

According to the theoretical development of 
Dowden, 2 the behavior of the activation energies 
as a function of catalyst composition would be ex­
pected to be a better criterion of the nature of the 
surface processes involved than the isothermal re­
action rates, as the frequenc}' factors may contain 
factors which cannot be properly evaluated. Since 
the present authors had previously found interest­
ing relationships between activation energy and 
composition with these same catalysts in the hydro­
genation of benzene, 4 such data were obtained for 
the hydrogenation of ethjdene and are reported 
herein.

Experimental
Catalysts.—Copper and nickel form a continuous series of 

homogeneous-substitutional solid solutions. For the pres­
ent wmrk, a series of unpromoted, high purity copper- 
nickel alloys, a pure copper and a pure nickel catalyst were 
made. It will suffice to say here that the preparation pro­
cedure followed quite closely Best and Russell’s modifica­
tion3 of the method of Long, Fraser and Ott.5 This involved 
coprecipitation of the metals as the basic carbonates fol­
lowed by roasting to the mixed oxide phases. The latter 
were reduced to the metal phase with hydrogen at tempera­
tures not exceeding 350°. Further details concerning their 
nature, preparation and purity are to be found in earlier

(4) W . K . H ail and P . H. E m m ett, T h is  J o u r n a l , 62, 816 (1958 ).
(5) J. H. Long, J. C . W . Fraser and E . O tt, J . A m . Chem. S oc., 66, 

1101 (1934).
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papers.4-6 In one of these,“ it was possible to show that any 
fluctuation in composition could not have exceeded 3%, 
proving that their bulk phases, at least, were very homo­
geneous. The designations ar.d analyses of the reduced 
binary alloys in order of decreasing atom per cent, nickel are4: 
VIII -  100, V = 84.8, VI = 72.4, VII -  53.8, IX  = 
45.5, X  = 34.3, IV = 20.6, X I = 14.7, III = 7.8 and II = 
0 .0 %.

Preliminary experiments revealed that the activity of 
these catalysts for the low temperature hydrogenation of 
ethylene was quite sensitive to the amount of hydrogen left 
on the catalyst after reduction. This was controlled in an 
empirical way and three separate sets of studies were carried 
out. The catalysts were reduced at 350° and then treated 
with flowing purified helium carrying gas for 30 to 45 min­
utes at the same temperature. This helium treatment may 
be presumed to be equivalent to an evacuation of the same 
duration. After activity measurements had been made in 
this condition, the catalyst was again reduced overnight at 
250°, but cooled in hydrogen to the reaction temperature 
and retested; after activity measurements had been made, 
the catalyst was reduced again overnight at 250°, but treated 
this time in helium, as before, and its activity redetermined.

Experimental Procedure.—With the exception of new 
samples of catalysts V and VI, the samples of the catalysts 
used in the study of the hydrogenation of benzene4 were 
used again (after rereduction) in the study of the hydrogena­
tion of ethylene. In preliminary experiments, in which an 
attempt was made to study the steady-state reaction over 
these beds, the reaction was found to be so exothermic that 
it could not be controlled, nor could a significant measure of 
the catalyst temperature be obtained. Above some very 
low conversion, the reaction would suddenly go to complete 
conversion. When this occurred, the catalyst could be 
cooled as much as 30° without a decrease in reaction rate. 
It was thought probable that the catalyst was forming a 
“ hot spot”  near the gas inlet- In an attempt to improve 
heat transfer, the catalyst tubes were opened under an at­
mosphere of carbon dioxide and mixed with an approxi­
mately equal volume of copper shot which had been screened 
through six and onto ten mesh U.S. standard screens. 
(Separate experiments with this shot had shown that it was 
inactive in the hydrogenation of ethylene at temperatures as 
high as 360° and that its surface area was immeasurably 
small, probably the order of the sum of the geometric areas 
of the individual beads.) This resulted in improved heat 
transfer, but still left much to be desired. (These beads 
were left in the tubes throughout all subsequent experiments.)

Because of the difficulties encountered in attempts at 
steady-state operation, another technique was adopted. 
At about this time, a new microcatalytic technique was 
under development in our laboratory.7 The manner in 
which it was adapted to the requirements of the present ex­
periments has been described in detail elsewhere 8 Briefly, 
the technique involved establishing a fixed rate of flow 
(about 40 cc./min.) of purified helium gas over the catalyst. 
This gas which was inert to the catalyst was used to pass 
measured volumes of the purified hydrogen-ethylene gas 
over the catalyst with an unavoidable minimum of mixing, 
blight milliliter slugs of the reactant gas were measured out 
in the special dosing device8 and carried over the catalyst. 
With complete reaction, only about two calories of heat 
could be released by a given slug in the entire tube, so that 
the problem of heat removal no longer existed and the re­
actor became essentially isothermal. After reaction, the 
slug emerged from the tube and was carried directly over a 
charcoal adsorption chromatographic column for analysis.

Gases Used.—As it was discovered early in the work that 
these catalysts appeared to be particularly sensitive to small 
amounts of poison, the ultimate practical limit of purifica­
tion of all the gases used was sought. Thus, to the already 
existing purification train in the hydrogen line consisting of 
a Deoxo purifier, anhydrous magnesium perchlorate, plati­
nized asbestos at 375°, and more anhydrous magnesium 
perchlorate, a trap containing approximately 25 g. of high 
area charcoal was added. This was thermostated at —195° 
during experiments and was baked out under high vacuum 
at 375° at weekly intervals. A similar trap was built into

(6) W . K . H all and L . Alexander. T in s  J ourx ’ ai,, 61, 212 (1957).
(7) R . J. K okes, H. Tobin , Jr., and P . 11. E m m ett, J . A m . Chem. 

S oc.. 77, 58G0 (1955).
(8) W . K . H all and P . H . Em m ett, itnd., 79, 2091 (1957).

the helium carrying gas line. Thus, the hydrogen and he­
lium used in this work were of extreme purity.

Both a prepurified 60/40 hydrogen-ethylene gas mixture 
supplied by the Matheson Go. and synthetic blends of 
separately purified ethylene and hydrogen were used in this 
study. Both gases yielded essentially the same results. 
The Matheson gas was further purified using a chromous 
chloride scrubber such as described by Schuit and de Boer9 
for use with hydrogen. To their system, however, an ex­
tra Dry Ice trap packed with glass wool was added to ensure 
nearly complete removal of water. The purified gas was 
allowed to wash through the doser for approximately 15 
minutes between experiments. When a slug was required, 
it was trapped and sent over the catalyst. A separate blend 
of synthesis gas was prepared and stored in two 5-liter bulbs. 
In this instance, high purity ethylene was run over a large 
sample of carefully reduced, high area commercial nickel 
catalyst to ensure the removal of poisons that might affect 
the test catalysts. No detectable ethane was present in the 
purified gas. To this was added hydrogen, purified as de­
scribed below, to make the composition of the blend ap­
proximately the same as that supplied by the Matheson Co. 
This was transferred to the evacuated doser through the use 
of a buret system attached to a conventional high vacuum 
system. The fact that the data obtained, using the blends 
interchangeably in the various experiments, fitted the same 
curve was taken as evidence of their mutual purity.

The catalysts were protected from Hg vapor by small, 
gold-leaf traps. These consisted of 23 karat gold leaf, such 
as used for lettering on glass, wrapped around a solid glass 
rod. This assembly fitted loosely into a glass sleeve in such 
a way that the trap represented a constriction in the line 
rather than a mixing chamber for the slug with the carrying 
gas. The catalysts were further protected by a I5-cm. 
length of capillary tube (forming part of the catalyst tubes) 
immersed in the temperature control bath, which in nearly 
all cases ran from —20 to —100°. Without the traps, the 
capillary always showed visual evidence of the collection 
of Hg on lowering the bath; with the traps no trace of a Hg 
mirror was observed.

Temperature Control.---The cryostat used to maintain the 
catalysts at the various sub-zero test temperatures deserves 
special mention. It was a simple, homemade, unsilvered, 
unevacuatcd Dewar or double-walled flask, so arranged that 
the heat leak between the walls could be fixed by controlling 
the nature and pressure of the gas between the walls. The 
outer wall was made of 100-mm. Pyrex tubing and the two 
walls created an annular space about 1.5 mm. wide. When 
the bath was filled with pentane and the flask was immersed 
in liquid nitrogen, the heat leak between the walls was suffi­
cient to produce a temperature decrease of about 1.5° per 
minute when the annular space was open to the atmosphere. 
This heat leak was balanced with a knife heater controlled 
by a thyratron circuit using a commercial-grade platinum 
resistance thermometer as a sensing element; the thermo­
stated liquid was stirred by a rapid bubbling of compressed 
air introduced at the bottom of the bath. In operation, it 
was found that temperatures could be maintained for long 
periods of time or reproduced within ±0 .3°. It was, 
therefore, particularly useful in this work because the tem­
perature could be rapidty varied; in the 20 to 30-minute 
period required for the analysis of one slug, the temperature 
could be varied upward or downward by as much as 30°.

Treatment of Data.—The experimental procedure8 con­
sisted of selecting four to six temperatures, chosen so as to 
give conversions in the range between 10 and 90%, and cy­
cling these temperatures from two to three times, obtaining 
a test conversion at each temperature, each time. These 
test conversions were plotted as a function of slug number 
and points taken at the same temperature were connected. 
In many cases, the extent of reaction was independent of 
slug number, but unfortunately in many others it varied 
with slug number either upward or downward to a greater or 
less degree. From the curves drawn through points taken 
at a single temperature, the data required for the construc­
tion of an activation energy curve could be picked off at any 
given slug number. In general, the data quoted herein were 
taken at the 12th slug. The calculated activation energies, 
however, were not strong functions of slug number, if they 
varied at all.

(9) G . C . A . ScLuit and N . H. tic Boer, Ucc. trar. chim ., 72, UU9 
(1953).
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ment (discussed below). In this second experi­
ment, the method of hydrogen treatment was 
changed so that the catalyst was warmed in the 
hydrogen flow to 350°, held at this temperature for 
30 minutes and then cooled back to the lower reac­
tion temperature by simply removing the furnace 
and allowing the catalyst to cool to room tempera­
ture before replacing the cryostat. On redeter­
mining the catalyst activity (slug numbers 4 and 
5), complete conversion of the reacting gas was ob­
tained. When, however, the temperature was 
again raised to 350° in the flowing helium stream, 
and then recooled to the reaction temperature, data 
in almost perfect agreement with those obtained in 
the first part of the experiment were obtained. 
Such cycles as the one just described could be car­
ried out many times on the same catalyst with ex­
cellent reproducibility as long as the conditions of 
pretreatment were strictly reproduced. More­
over, it could be demonstrated that the effect did 
not involve the reaction of a portion of the C2II4 
with Ho added at the high temperature. As could 
be anticipated from the lack of an effect of treat­
ment with C2H4 gas, as shown in Fig. 1, when a 
slug of pure C2H4 was passed over a hydrogen 
treated catalyst, no C2H6 appeared on the chro­
matogram. Thus, it seems clear that the hydrogen 
taken up by the catalyst at high temperature be­
came part of the catalyst itself with respect to the 
low temperature hydrogenation and acted as a 
promoter. The present data do not, however, 
eliminate the possibility that the primary action of 
this hydrogen was on the equilibria between various 
hydrocarbon intermediates and/or residues on the 
surface. However, the nature of a related phenom­
enon, observed by Rummer and Emmett12 in 
this Laboratory several years ago, suggests a more 
fundamental change in the properties of the cat­
alyst surface. In this instance, it was observed 
that the para-hydrogen conversion was poisoned 
by hydrogen chemisorbed above 1 0 0 ° on an iron 
synthetic ammonia catalyst, but not by that 
chemisorbed at —78°.

The effect of H2 shown in Fig. J for catalyst X  
was general for all of the copper-nickel alloys. 
With pure nickel, the effect was equally dramatic, 
but in the opposite direction. In this case it was 
found that under the experimental conditions 
chosen, the conversion could be controlled at about 
50 or at 95% by pretreatment with II2 or He, 
respectively.

The poisoning effects of carbonaceous residues 
of the type1011 mentioned earlier may be super­
imposed on the effects of alteration of the hydrogen 
contents of the catalysts. In this case, alterations 
in conversion as a function of slug number with 
the hydrogen treated catalysts should provide 
some index of the possible magnitude of the poison­
ing action of the carbonaceous material. As the 
activities of the alloy catalysts in this condition 
were nearly independent of slug number, it may be 
inferred that with these, such poisoning is relatively 
unimportant. In any case, with these a decrease 
in activity could correspond to a desorption of H2.

(12) J. T. Kummer and P. 11. Emmett, This Jouknal, 56, 258
(1952).

Fig. 2.—Catalytic activity of series of copjjer-nickel alloys 
at 200°I\. in the hydrogenation of ethylene.

The only completely unambiguous example avail­
able, therefore, is that provided by the pure nickel 
catalyst. Here the conversion of the hydrogen 
treated catalyst fell from 95 to about 82% over a 
series of 1 0  slugs, or less than one third the primary 
effect of the IL> treatment mentioned above.

Effect of Alloy Composition.—Three sets of 
standard pro treatment procedures were used, 
namely: (a) treatment with helium at 350°; (b) 
treatment with helium at 250°; and (c) cooling 
the freshly reduced catalyst in hydrogen to the 
reaction temperature.

Activation energy curves were obtained for each 
catalyst for each of the pretreatment procedures 
outlined above, utilizing the method described in 
reference 8 . The specific activities are compared 
in Fig. 2 at 200°Iv. for each of these pretreatment 
procedures; this temperature was chosen because 
a value for all catalysts except pure copper catalyst 
II could be obtained from the activation energy 
curves without extrapolation. The point for 
nickel-rich catalyst V appeared in all three cases to 
be too low to be in agreement with the remainder 
of the data. It was not rechecked with another 
sample of catalyst because for the present purposes 
it makes little difference whether or not this cat­
alyst should be twice as active. It has been ig­
nored in drawing the curves.

The upper two curves for the helium-treated 
catalysts are quite similar and could bo represented 
by straight lines to a good first approximation. 
Since these curves were the least affected by the 
promoting effect of hydrogen, they may be taken 
as most nearly representing the activity of the 
catalyst prior to promotion with adsorbed hydro­
gen. It seems important, therefore, that there is 
absolutely no evidence of any discontinuity in the 
curves at. the critical composition of 40% nickel- 
0 0 %  copper. This is the more surprising when it 
is recalled that Reynolds, 1 when testing the hydro­
genation of styrene to ethylbenzene found a curve 
which fell linearly to zero near 40% copper in a 
fashion reminiscent of that observed by the present 
authors for the hydrogenation of benzene. 4 It is
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Fig. 3.—Complete set of activation energy data for the 
hydrogenation of ethylene on a series of copper-nickel 
alloys.

Fig. -A. -  The promot ing effect of preadsorbed hydrogen as a 
function of catalyst composition.

»v

Fig. 5.—Correlation of catalytic activity with per cent, d 
character: data for He cooled sample used.

quite evident, therefore, that the mechanisms of 
the hydrogenation of ethylene and of styrene differ 
in an important way.

There has been much controversy in recent years 
as to the true mechanism of the hydrogenation of 
ethylene; proponents can be found for practically 
every conceivable path. 13-17 The present data 
indicate that the correct mechanism must be one 
in which, whatever electronic properties of the 
solid are relevant, variations in this series of cat­
alysts largely cancel each other out. This is re­
emphasized by the activation energy data plotted 
in Fig. 3; virtually no change in activation energy 
was observed over 85% of the composition range. 
The constancy over the greater part of the range is 
in agreement with the findings of Beeck17 and of 
Best and Russell, 3 although in both of these in­
stances, the absolute magnitude of the activation 
energy was considerably higher. Nevertheless, 
the former workers with a series involving many of 
the transition metals, and the latter workers with 
copper-nickel alloys observed no marked changes 
in activation energy, in spite of changes in activity 
of up to five orders of magnitude, in their respec­
tive studies. The data of Rienacker18 behave 
somewhat differently, although here too the fre­
quency factor was dominant.

Data for the hydrogen-treated catalj’sts shown 
in Fig. 3 indicate that the activation energies for 
the catalysts in the hydrogen-treated state are as 
high as or a little higher than the corresponding 
values in the helium-treated state. Taking this 
fact into account and making a comparison of the 
activities of the hydrogen-treated catalyst shown 
in Fig. 2C to those of the helium-treated catalyst 
in Figs. 2A and 2B, it is again found that the rela­
tively large changes in activity come about through 
changes in the frequency factors, rather than 
through changes in the activation energies.

The same conclusion may be reached by viewing 
the relative constancy of the activation energy over 
most of the composition range together with the 
gradations in the activity shown in any single 
curve of Fig. 2. This point is re-emphasized in 
Fig. 4, where ratios of the activities for the hydro­
gen-treated catalyst to those of the catalyst 
treated with helium at 350° are plotted as a func­
tion of composition. Over the range where rela­
tively little change in activation energy was ob­
served and where the activation energies of the 
hydrogen-treated catalysts were always higher, the 
activities of the hydrogen-treated catalysts were 
from two to four times those of the helium-treated 
catalysts. With catalyst XI (14.7% nickel), where 
the activation energies were found to be nearly 
identical, the activity was 13 times as high with the 
hydrogen-treated catalyst. Thus in the hydro­
genation of ethylene, as in the hydrogenation of 
benzene studied earlier, 4 the variations in activity 
found in the present work must be largely attribut-

(13) D . )). E ley , “ C a ta lysis ,”  V ol. I II . edited b y  P . II. E m m ett, 
Reinhold Puhl. Corp., New Y o rk , N . Y .,  1955. p. 49 ff.

(14) 11. E yrin g, C . Colburn and R. J. Zwolirtsld, Disc. Faraday S oc., 
8, 39 (195(1).

(15) K. Laidler, ibid., 8, 17 (1950); “ C a ta lysis ."  V ol. I, edited by
P. H. Em m ett, Reinbold Pnbl. Corp., New Y ork, N. Y ., 195-j, p. 158 
ff; p. 221.

(16) G . H. T w igg, D isc. Faraday For.. 8, 152 (1950).
(17) 0 . Beee.k, Itev. M od. /'/<//»., 17 , 61 (1945); Iter. Chem. Progr., 8, 

105 (1947).
(18) G . R ienacker and E . A . Bomincr, Z. anorg. a llgna . Chem ., 242, 

302 (1939).
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able to variations in frequency factor rather than 
variations in activation energy— both as a function 
of catalyst composition and as a function of hy­
drogen promotion.

The point for pure nickel shown in Fig. 4 lies 
much below the remaining points, reflecting the 
poisoning action of hydrogen on the reaction over 
nickel. With pure copper, no effect was ob­
served; this is probably because the reaction was 
run in the temperature range (75 to 125°) where 
the chemisorption was rapidly reversible so that the 
effect just could not be observed. From the data 
of McCabe and Halsey, 19 it may be inferred that 
were this catalyst tested at a lower temperature, 
the ordinate for this point would be between 
eight and ten.

It is the data in Fig. 2C for the hydrogen-treated 
catalyst that should be compared with the data of 
Best and Russell3 (and with our earlier work4). 
It should be recalled that these workers found that 
their alloys (which fell in the copper-rich region) 
had higher activities than those of their pure nickel 
catalyst. Although the variations in rate found in 
the present work were not nearly as large as those 
observed by Best and Russell, a similar result 
was obtained and a possible reason for this un­
usual observation appears to be established. The 
differences in magnitude between the two sets of 
data can perhaps be reconciled by consideration 
of the differences in techniques employed and/or 
the differences in the reduction temperatures.

Discussion and Conclusions
According to Beeck’s correlation between catalytic 

activity in the hydrogenation of ethylene and lat­
tice parameter, 17 the activities of this series of 
alloys would be (expected to increase markedly 
between pure nickel and pure copper, while on the 
basis of his correlation of the same activity data 
with Pauling’s per cent, d character, 20 the activi­
ties would be expected to decrease as copper is al­
loyed with nickel. The data for the helium cooled 
samples studied in the present work are in agree­
ment with tile latter correlation, indicating that 
electronic factors are controlling the kinetics rather 
than geometric factors.

The most satisfactory correlations found for the 
present data are shown in Fig. 5, where the loga­
rithm of the specific activity is plotted against the 
per cent, d character of the orbitals used by the 
bonding electrons of the metal, the valence and the 
product of these quantities. These parameters 
were obtained by a route which is given in detail 
in Appendix I; they all increase continuously 
with composition from copper to nickel. As shown, 
a nearly linear correlation was obtained with all 
of these parameters for all catalysts tested except 
the pure copper catalyst II and to a lesser degree 
with pure nickel catalyst VIII. Catalyst II 
may be excused on the grounds of its much higher 
activation energy. When Schuit’s correlation21 of 
Beeck’s data (for the product of the per cent, d 
character and the valence) is normalised (so that

(19) C. L. McCabe and G. D . Halsey, J . A m . Ckem. S oc., 74, 2732 
(1952).

(20) L. Pauling, Phys. Rev., 54, 899 (1938); J. A m . Ckem. Soc., 69, 
542 (1947); Proc. R oy. Soc. (L ondon ), A196, 343 (1949).

(21) G . C. A. Schuit, D is c . Faraday S oc., 8, 205 (1950).

coincidence is obtained for nickel) by adding 3.8 to 
the log reaction rate quoted by Beeek, 22 satisfactory 
agreement with the data shown in Fig. 5 is obtained. 
Beeck used the correlation with per cent, d character 
as an aid in the interpretation of his data for the 
heats of adsorption of hydrogen and of ethylene and 
the rates of hydrogenation of ethylene on thin metal 
films of the transition elements. Since the heats 
of adsorption decreased and the reaction rates in­
creased with the per cent, d character, and since 
in these experiments all variations in rate were due 
to variations in frequency factor, the following 
explanation was offered. A low heat of adsorption 
gives rise to a high frequency factor. In turn, the low 
heat of adsorption stems from a high per cent, d char­
acter (because in this case a large fraction of the 
available d orbitals is required to bond the crystal 
together, leaving only a small fraction available to 
bond adsorbate to the surface). Hence, the higher 
the d character, the lower the heat of adsorption and 
the higher is the catalytic activity.

If the data obtained in the present work are 
interpreted in a similar way, the heat of adsorption 
of ethylene on nickel would be expected to be lower 
than on the alloys and the heat would be expected 
to increase as more and more copper was alloyed 
with nickel. These data are not available, but the 
point is open for experimental verification.

The present data do not include figures for the 
amount of hydrogen left on the catalyst after any 
pretreatment. It is presumed that a catah-’st 
cooled in hydrogen had a great deal more hydrogen 
left on its surface than one that had been treated 
with helium. The alloy catalysts were all pro­
moted by hydrogen, whereas the pure nickel 
catalyst was poisoned by this gas. The promoting 
effect became greater in the copper-rich region 
where the d band was filled. Where hydrogen 
acted as a promoter, a small but consistent increase 
in the activation energy occurred, although with the 
pure nickel oatalj'st, where it acted as a poison, 
there appeared to bo a small decrease in activation 
energy. It should be noted that in most of the 
earlier work1-3-4 the catalysts used were in the 
“ hydrogen-treated” condition and, that, so far, 
little attention has been directed toward this im­
portant factor.

The most pertinent related work is that of M c­
Cabe and Halsey, 19 who studied the hydrogenation 
of ethylene over a pure copper catalyst at 0 °. 
From their data, it was concluded that hydrogen 
adsorbed between 100 and 140° fixed the activity 
of the catalyst. However, the adsorption of the 
critical hydrogen took place at 0 ° at a much lower 
rate but, once it was adsorbed, it was not removed 
by the reaction at 0 ° (as shown by the fact that a 
stable catalytic activity could be maintained with 
the hydrogen supplied at 0 °); hence, it became 
part of the catalyst and was not a reactant.

More recently, Singleton23 has shown that the 
rate of the ortho-para hydrogen conversion over 
evaporated nickel films depends critically upon the 
amount of slow-sorbed hydrogen. The rate was 
found to decrease with increasing amounts of slow

(22) O. Beenk, ibid., 8, 118, 126 (1950).
(23) J. H . Singleton, T h is  Jo u r n a l , 60, 1606 (1956).
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sorption, similar to the behavior observed by Ivum- 
mer and Emmett12 for synthetic ammonia catalysts.

Amano and Parravano24 report a marked promot­
ing effect of preadsorbed hydrogen on the benzene 
hydrogenation over ruthenium on alumina cata­
lysts at 0°. Interestingly enough, here also the 
differences in rate observed for ruthenium-alumina, 
rhodium-alumina and platinum-alumina are all 
attributable to the pre-exponential factor rather 
than to any effect on the activation energy. 
Limitation of space prohibits further documenta­
tion of many related observations. 2 6 -3 4

Any attempt to provide a detailed explanation of 
these observations must of necessity be in the 
nature of speculation. Nevertheless, it would be 
expected that the observed effect of preadsorption of 
(promotion with) hydrogen would come about 
through the alteration of some fundamental 
property of the catalyst. In the experiments of 
McCabe and Halsey, 19 as in our own, there was 
ample evidence to support the contention that the 
hydrogen became part of the catalyst itself and 
did not enter into the reaction to any appreciable 
extent. In becoming part of the catalyst surface, 
the energetics of the process were changed, leading 
to the promoting. effect. Alteration of the work 
function of the catalyst would appear to be a likely 
candidate for this role. Following the de Boer 
hypothesis35 discussed in more detail in our 
earlier work, 4 it is to be observed that were the 
electronic chemical potential to be increased by the 
preadsorption of hydrogen, then an exponential 
term would appear as part of the frequency factor 
in such a way as to increase it also.

Two final comments seem in order. In the first 
place, it is of some interest to compare the acti­
vation energies found in this study with those re­
ported in the literature for nickel catalysts. The 
following values have been reported: 3.2, 3.6,
4.6, 6.0, 8 . 2  and 10.7 kcal./mole . 13 The last value, 
due to Beeck, 17-22 was obtained on evaporated thin 
metal films of nearly all of the transition elements. 
Because of the technique employed, it is generally 
considered to be the most reliable. Nevertheless, 
as pointed out by Beeck himself, this value was 
obtained on surfaces highly poisoned by acetylenic 
complexes. Since, in general, the effect of a 
poison is to increase the apparent activation energy, 
it seems entirely possible that the values reported 
herein may be more representative of the true

(21) A . Amano and G . Patravano, “ A dvances in C a ta ly s is ,"  
A cadem ic Press, Inc., N ew  Y ork, N. Y .,  Vol. IX , p. 716  ff., 1957.

(25) R. E . Cunningham  and A- G w athm ey, ref. 24, p. 25 ff.
(20) K . A belsova and S. Roginski, Z. physik. Chem., A174, 449 

(1935).
(27) K . A belsova and T . Zellinskaya, A cta  Physicochim . U .R .S .S ., 

7, 121 (1937).
(28) K . Abelsova, S. Roginski and T . Zellinskaya, D oklady Akad. 

X auk S.S.S.R., 30, 29 (1941).
(29) S. Roginski, ibid., 3 0 , 23 (1941).
(30) M . B abkova and I. M ochan, ibid., 3 0 , 32 (1941).
(31) K . Zhadanovskaya, V. K orolev and I. M ochan, ibid., 30, 26

(1941).
(32) A . Rawdel and F. Y u d in , ibid., 30 , 37 (1941).
(33) L. Kh. Freidlin and N. I. Zim inova, ib id ., 74, 955 (1950);

Izvest. Akad. N auk S .S .S .R ., Oldel. K hun . N auk, 659 (1950); 145
(1951).

(34) II. A. Sm ith, A . J. C hadw ell and S. S. Kirslis, T hts J o u r n a l , 
59, 820 (1955).

(35) J. H. de Boer, D isc. Faraday Soc., 8, 208 (1950).

activation energy for the reaction than that of 
Beeck, On the other hand, if the surface was less 
covered by carbonaceous material in the present 
experiment, than in those instances of steady- 
state operation, hydrogen may have adsorbed 
with a higher average heat of adsorption and have 
lowered the apparent activation energy cor­
respondingly. Finally, it should be noted that the 
data collected in the present work clearly indicate 
the difficulty of observing the kinetics of any 
catalytic process over uncontaminated alloy sur­
faces. It is clearly demonstrated that the choice 
of the copper-nickel alloy system is a particularly 
poor one to be used for the correlation of activity 
data to unmeasured properties of the solid state. 
That this has been found to be true for the present 
alloy system may be taken to indicate that simi­
lar results may be anticipated in many other 
situations, thereby emphasizing the futility of such 
an approach under ordinary circumstances. Never­
theless, special circumstances may be found which 
may allow such correlations to be made, e.g., 
where the properties being correlated can actually 
be measured under conditions of reaction.
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Appendix I
Derivation and Calculation of Parameters from 

Resonating Valence Bond Theory of Metals for 
Copper-Nickel Alloys.—-Correlations have been 
made by previous workers10-20 between the loga­
rithms of the specific activities of catalysts of 
various metals in the hydrogenation of ethylene and 
their per cent, d characters, and also between the 
logarithms of these same activities and the prod­
ucts of their per cent, d characters and their metal­
lic valences (as defined below). It was, therefore, 
deemed desirable to test the data obtained in the 
present work for the same reaction in similar cor­
relations.

Pauling20 has supplied the necessary parameters 
for the pure metals and these values were used in 
the earlier correlations. So far, however, such cal­
culations have not been reported in the literature 
for alloy systems. It was necessary, therefore, to 
attempt to extend this treatment to the copper- 
nickel alloy system.

Two simple courses are open for estimation of 
the per cent, d characters of alloy systems; both 
treatments are in keeping with the semi-empirical 
approach used by Pauling, 20 in that in both cases 
the assumption is made implicitly that the copper 
and nickel atoms retain their identity in the hy­
brids used to make up the giant crystal molecule 
in the same sense as metal atoms are conceived 
to do in the theory of directed covalency. In the 
first instance, it may be assumed that the copper 
and nickel atoms in the alloys retain the same d 
character as in the pure metals. In this case, the 
per cent, d character of the alloy system would be 
a linear function of composition; the results of
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T a b l e  I

Summary o f  C a l c u l a t i o n s  o k  P a r a m e t e r s  f u o .vi V a l e n c e B o n d  T h e o r y

Ai <Hia M fix
Valence,

V 6 81* 0° (Vo)
toe;

rate
0 3.5175 0.30 0 6.0 0.400 0.400 0.400 2.400 1.509

.10 3.5260 .278 .3915 5.978 .399 .400 .396 2.385 1.308

.20 3.5345 .250 .2483 5.899 .395 . 396 .391 2.331 1.176

.30 3.5430 .214 .2183 5.831 .392 .393 .387 2.285 1.079

.40 3.5511 . 1667 . 2067 3.765 .389 .390 .383 2.241 1.000

.50 3.5595 . 100 . 1962 5.696 .386 .381 . 379 2.213 0.909

.60 3.5680 0 . .1827 5.619 .382 .386 .374 2. 145 .820

.70 3.5772 0 .2115 5.596 .376 . 379 .370 2.104 . 699

.80 3.5871 0 . 2273 5.564 .370 .371 .366 2.057 .519

.90 3.5978 0 . 2319 5.517 .363 .364 .361 2.002 .225
1.00 3.6077 0 .250 5.500 . 357 .357 . 357 1.951 -2 .144

/  Reference 36. 4 For comparison, the value of 5 calculated on the assumption that the decrease in valence is linear 
with composition, is listed here. This amounts to assuming that the ratio Cu (A)/Cu (B) is invariant with composition. 
c This column of figures was calculated on the assumption that the per cent, d character of the alloy was a linear function 
of composition.

such calculations are listed in Table I. This 
method is, however, inconsistent with the other 
physical data (magnetic moments and lattice 
parameters) used by Pauling in formulating the 
generalities expressed in (1 ) and (2), below. Thus, 
although the log reaction rates correlate as well, 
or better, with the per cent, d characters obtained 
by this method as to the values of this parameter 
calculated by the consistent method described 
below (Pig. 5), this approach will not be discussed 
further here or mentioned elsewhere in the text.

In the other possible approach, an alloy system 
may be considered to be made up of the proper 
combination of the hybrids where v is the hybrid

JXiA; v =  6
Sd

IT T t • •
is Hybrid 

d 2sp3
\NiB; v =  6 IT IT ■ ■ ■ . . 0  <i3sp*
iCtiA; v = 7 IT IT ■ ■ ■ (Psp3
\OuB; v — 5 IT IT IT • ..() <l3tip*

valence and Ay and AC are the atom fraclions Xi 
and Cu, respectively, with Ay +  AC ;= 1. Also de­
fined are
/ ia =  atom fraction of Ni (A) in Xi (A) +  \i (B)
/ in = atom fraction of Ni (B) in Xi (A) -f Xi (B)
ft a = atom fraction of Cu (A) in Cu (A) +  Cu (B)
/ sb = atom fraction of Cu (B) in Cu (A) +  Cu (Bj
n — bond order = valeneo/Voord ¡nation number = v/\'l 
Jin = atom radius in bonding of order n 
Hi — single bond radius
z = 10 +  N-i = a v . no. o f e lectro n s p er a to m  o u tsid e  the  

la st c losed  shell
3 — r ’0 d character of Mu' metal bond
(to = length of cubic cell

it should be noted that in he hybrid diagrams, 
dots and open circles represent orbitals which 
are hybridized d 2sp3 and/or cPsp3 to form the bond­
ing orbitals of the crystal—the dots indicating 
that an electron is available to populate the orbital, 
and the open circle, indicating that there is not. 
Thus, in the assembled crystal, dots represent 
orbitals in which paired electron bonds are to be 
found, whereas the open circles represent vacant 
orbitals into which electrons can be pushed by an 
impressed electromotive force and arc, therefore, 
responsible for the high electrical conductivity 
of the crystal. It should also be noted that the 
number of dots in a hybrid corresponds to its

valence and that the d 2sp3 forms have l/3 d charac­
ter, whereas the d 3sp3 forms have s/ 7.

Nickel (A) deserves special mention. Here, 
the d 2sp3 form is supposed to have two unpaired 
electrons in two of the three unhybridized a t o m i c  d  
o r b i t a l s  (represented by arrows). That this 
should be the case follows directly from Ilund’s rule 
provided that only six electrons are available to 
occupy the five orbitals and that only two of the 
five are used in the hybridization. This gives rise to 
the magnetic moment of the high nickel alloys and 
allows the ratio of Ni (A )/N i (B) (or / u  and /is) to 
be fixed a  'p r i o r i . This fact (known values of / ia and 
/ ib as a function of composition) is used in the 
following development.

It will be noted that both forms of nickel have 
the same valence (namely, G), whereas Cu (A) and 
Cu (B) have valences 7 and 5. The net valence 
of the alloy-crystal is unknown, but enters in an 
important way into the binding energy and, hence, 
into the observed lattice parameter. This fact is 
used to fix the ratio of Cu (A) to Cu (B) below. 
From Pauling20:

Rn =  /¿ , -  0 .3 0 0  log n =  />’ , -  0 .3 0 0  log v> 12 ( I )

z)  =  1 .8 2 5  -  0 .0 1 3 2  -  (1 .6 0 0  -  O.IOOz)S (2 )

For the face centered cubic structure
Jin ~  v N /  4((o (3 )

Define
v === 6  — x ;  0  < x < 0 .5  (4 :

because.
f>.5 < r < 0

( ‘ombining ( 1), (9) and (4)
v '2 /4 o o  =  /i i  -  0 .3 0 0  log (0  -  x ) , l ~  

or
V 2 /4 a o  = Ri +  0 .3 0 0  log 2 -  0 .3 0 0 /2 .3 0 3  In (1  -  x/6) 

Expanding the logarithm for small x
V 2 / 4 « 0 =  Ri +  0 .0 9 0 3  +  0 .3 0 0 /2 . 3 0 2 A / 6 )  (5 )

the higher terms being entirely negligible to the 
required accuracy. Substituting (4) back into (5) 
and rearranging

=  V 2 / 4 a 0 -  0 .2 2 0 6  +  0 .0 2 1 7 «  (6 )

Eliminating from equations 2 and G yields
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V 2/4an +  0.0217*; =
2.0456 -  0.0433 -  (1.6 -  0.12)5 (7)

It is now convenient to redefine v and 8 
v =  6iV i +  7 N if2  a. +

fiA +  / 2B = 1
v — 6N i +  5 N2 +  2/V2/2 a (8)

and
5 =  V  3 A  A72/2 a +  V3A4/2B

or
5 = AM3/» -  /ia(V t -  Vi)] +  AA[‘A  +  /2a (3A  -  ‘A )!

(9)
Substitution of (8 ) and (9) into (7) and rearranging 
yields
h a =
1.9370 -  [v/2/4a0 +  0.0432 +  (1.6 -  0.1z)0AAb +
_______________ An { v 7 -  / u ( 3A  -  Vgj j) +  0.0-217An ]

AT2[0.0432 +  (1.6 -  0. l2)(3A  -  Vs)]
(10)

As noted earlier, all parts of the right-hand mem­
ber are fixed for a given composition either by the 
known value of a0 or by the known magnetic 
moment. Thus Aa can be calculated and from it, 
the valence and the per cent, d character. The 
results of these calculations are also listed below 
in Table I. It is rather surprising that it appears 
to make little difference in the values of 8 obtained 
whether these laborious calculations are used or 
whether the simple assumption is made that the 
valence is a linear function of composition. In 
these calculations the lattice parameter data of 
Owen and Pickup36 are used. It should be added 
that, although both Pauling and Owen and Pickup 
quote figures and equations in terms of ingstrom 
units, both works actually are in terms of kX 
units.

(30) E . A. Owen and L. Pir.kup, X. K rist ., 88, 110 (1935).

THE PHASE DIAGRAM OF THE CERIUM-CERIUM TRICHLORIDE SYSTEM
B y  G. W . M ellors and S. Senderoff

Research Laboratories, National Carbon Company, Division of Union Carbide Corporation, D. O. Box 6116, Cleveland 1, Ohio
Received November 1J,, 19f>8

The solubility of cerium in cerium trichloride is 9.3 mole % with a temperature coefficient of nearly zero between 777 and
9-50°. The solubility of CeCh in cerium is not greater than 0.2 mole %  at 950°. Above 777° and 9.3 mole %  added cerium 
the system consists of two immiscible liquids in equilibrium and has a consolute temperature that is too high to estimate 
trom these data. The data from thermal and chemical analysis reported here are consistent with e.m.f. measurements on 
the system reported previously.

Introduction
The phase relationships in the cerium-cerium 

trichloride system were investigated by Cubic- 
eiotti. 1 He observed definite freezing point de­
pressions and concluded that this melt must be a 
true solution rather than an emulsion or colloidal 
dispersion as supposed in this type of system by 
Lorenz. 2 Cubicciotti's results may be summarized 
as follows: the melting point of pure cerium 
chloride was 802° and successive additions of cerium 
metal resulted in a linear depression of the freezing 
point until at 33 mole %  cerium the melting point 
was about 720°. This he considered to be the maxi­
mum solubility of the metal in the salt; no further 
depression of the freezing point was observed on the 
addition of more cerium metal and, probably, two 
immiscible liquids were formed. At one tem­
perature (810°) the compositions of the two liquids 
in equilibrium were measured; a mixture of salt 
and metal was equilibrated, quenched and an­
alyzed. The upper (salt-rich) phase was a black 
friable solid which contained 33% cerium metal 
and the lower phase (which had the appearance of 
the original metal) contained an insignificant 
amount of cerium chloride.

In an investigation of the e.m.f. of the cell Mo 
(or W)|CeCl,(*)Ce(l ~  UliCeCh!Cl2(graphite) 
it was found that the measured potential remained 
constant (at constant temperature) from about 9

(1) D. D . C ubiceiotti, J . A m . Chem. Son., 7 1 , 4119 M!)}0).
(2) R . Lorenz, “ Die E lectrolyse G escbm olzener S alze ,”  W. K n ap p , 

H alle A -S (1906).

to 33 mole %  cerium. 3 Below 9 mole %  cerium 
the e.m.f. exhibited a variation with concentration 
as predicted by theory. The slope of the e .m .f- 
concentration curve corresponded to a 2 -electron 
change and it was concluded that C c1+ and Ce;H 
were the specie's present in melt. However, it was 
puzzling that the potential showed a “ buffering'’ 
effect above 9 mole %  cerium; this might be ex­
plained by the presence of a reservoir for Ce1+ in an 
un-ionized particle or a complex ion or, as suggested 
by Flood and Hill4 for Fe2()3-FeO systems, in 
vacancies in the structure. At this stage measure­
ments of density and electric conductance were com­
menced, since these would yield structural informa­
tion on the melts; these measurements have now 
been completed and will be described in a succeed­
ing paper.

During density measurements it was noted that 
compositions containing more than 1 0  mole %  
cerium were viscous and the results irreproducible. 
This was thought to be owing to imperfect ho­
mogenization; however, prolonged holding and 
stirring at 1 0 0 0 ° failed to improve the situation. 
On several occasions cerium metal adhered to the 
density bob after such treatment.

Approximate measurements of the freezing 
points of compositions containing 20, 26 and 31 
mole %  cerium yielded results differing largely from 
those previously reported. 1 A redetermination of

(3) S. Senderoff and G . W. M ellors, J. Electrochem . Eoc.. 105, 331 
(1958).

(4) H. Flood and S. G . H ill, Z. Elcktrvehem., 61, 18 (1957).
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the phase diagram of this molten system was then 
commenced.

Experimental
Materials.—CeCh and Ce metal were prepared as de­

scribed in a previous paper.*
All weighings and transfers were performed in a dry box.
Argon was purified by passage through titanium chips 

at 900°.
Furnace and Crucibles.—The furnace was a tensile test 

type made by Marshall Products Company. The bore was 
3.5" and an iron tube 3.25" o.d., l/\" wall thickness served 
as a baffle between the furnace windings and the“ Vycor" 
tube containing the crucible. The cell envelope was a 51 
mm. o.e. "Vycor”  tube, 30" in length, completely closed at 
the lower end by a 10l/s rubber stopper. Through the upper 
1 0 l /2 stopper passed a 6 mm. o.d. molybdenum thermowell, 
an argon inlet tube and an aperture for a Vs" o.d. molyb­
denum stirrer. A deep drawn molybdenum crucible, 15A "  
ox!., 2s/« "  in height (Fansteel Metallurgical Corporation, 
North Chicago) contained the melt. The pedestal sup­
porting the crucible was solid alumina, the crucible was en­
closed in a graphite crucible, and an alumina tube, whoso 
i.d. was approximately equal to the i.d. of the molybdenum 
crucible, rested on the top of the latter and extended to 
within JA "  of the top of the 51 mm. "Vycor”  envelope. 
In this experimental arrangement it was possible to attain 
a temperature constancy of better than 1° over the center 
3.5" of the furnace containing the crucible and melt.

Temperature.—Chromel-alumcl thermocouples were
used, protected by 6 mm. o.d. molybdenum sheaths closed 
at the lower end. The thermocouple was positioned in the 
center of the melt, equidistant from the walls of the crucible 
and the surface of the melt. The temperature of this meas­
uring element was indicated on an L and N Azar Recorder. 
A reference junction at 0° was provided. It is possible on 
this type of recorder to suppress all but a small fraction of 
the thermocouple output, displaying 10, 5, 2 or 1 mv. as full 
scale deflection of the ‘ Speedomax’ ' recorder. In this way 
a greater accuracy of temperature reading was obtained. 
Generally the first cooling curve was made with 5 mv., 
the second with 2 or 1 mv. full scale deflection. In the 
latter case the temperature could be read to within 0.25°. 
The chart speed of the recorder was 0.5 inch per minute and 
the cooling rate of the sample was 2.5° per minute. With 
some compositions, cooling arrests as long as 2 inches were 
observed by this procedure.

The temperature of the furnace was controlled by a 
“ Wheelco”  controller with an independent thermocouple 
adjacent to the winding.

General Procedure.—The apparatus was charged with an 
amount of CeCh previously calculated to give a satisfactory 
depth of melt in the crucible (approximately 120 g.), to­
gether with the appropriate amount of Ce metal to give the 
intended composition. All joints in the apparatus were 
sealed with "Unichrome”  stopoff (Metal and Thermit Cor­
poration) prior to commencement of a run. The apparatus 
was flushed with argon for several hours and then heated 
slowly to about 950°. The melt was stirred and held at this 
temperature for several hours to ensure homogenization, 
the furnace power was then switched off and a cooling curve 
obtained on the recorder chart. The temperature was then 
raised and the cooling curve repeated. Unless agreement 
of inflection temperatures to better than 1° was obtained 
between the two runs, the results were discarded since a 
variation invariably indicated contamination. A further 
weighed amount of cerium metal then was added and the 
cooling curves repeated for this new composition. In ex­
periments involving quenching from the high temperatures 
the entire “ Vycor”  envelope, with argon atmosphere main­
tained, was removed from the furnace and immersed in iced 
water.

Results
In Fig. lb  is shown the low cerium end of the 

diagram plotted from coolir.g curve data from some 
of the 60 compositions examined. Below 5 mole 
%  Ce it was difficult to obtain the second inflection 
at about 777° as is frequently the case in phase 
diagrams of this type. Also it was observed that 
ab ove  about 9 mole %  Ce the temperature of the

Fig. 1.—Phase diagram of Ce-CeCh system: (a) complete 
diagram; (b) low Ce end.

first inflection remained virtually constant, falling 
no more than 2-3° up to 44 mole %  added cerium. 
Between 9 and 44 mole %  Ce a second inflection 
at 725° was obtained, this becoming more pro­
nounced with increasing Ce content. It could be 
shown readily that between 777 and 725° the sys­
tem consisted of a solid and a liquid in equilibrium, 
since it was possible to stir the contents of the 
crucible.

It was now apparent that above 777° and be­
tween about 9 and possibly up to 99 mole %  Ce, 
the system consisted of two immiscible liquids. 
Two samples containing about 20 mole %  Ce were 
held, with stirring, at 950° for 2  hours, then allowed 
to stand at this temperature without stirring for a 
further four hours and finally quenched, solidifjdng 
within a minute. Visual examination of the 
quenched material showed the presence of two 
phases, the lower of which appeared to be cerium 
metal. Analyses showed the composition (in mole 
fraction) of the upper phase to be 0.097 Ce, 0.903 
CeCA and the lower to be 0.998 Ce, 0 . 0 0 2  CeCh. 
These results, therefore, give the compositions of the 
two liquids in equilibrium at 950°. Figure la 
shows the entire diagram for the system. It will 
be seen that a further point on the salt-rich vertical 
is obtained from e.in.f. data, viz., the point of 
inflection of the log CeI+/C ° 3+ versus e.m.f. curve. 3 
It is apparent that no meaningful estimate of the 
consolute temperature of this system may be made 
since this line is so nearly vertical as far as it has 
been determined.

The horizontal line at 777° represents the freez­
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ing point of the left hand (i.e., CeCl3-rich) liquid, 
\\hile between this temperature and 725° the 
system consists of tliis material, now solid, in 
equilibrium with the right hand (i.e., Ce-rich) 
liquid, the freezing point of the latter being 725°.

Discussion
As described in the introduction to this paper, 

the e.m.f. of the cell Mo(or W)|CcCl»(:r)Ce(l -  x)\\ 
CeCUjChCgraphite) remained constant from about 
9 to 33 mole %  cerium. The explanation of this 
behavior is now apparent from the redetermined 
phase diagram; addition of cerium metal beyond 
about 9 mole %  does not change the cerium ion 
activity and the Ce1+/C e3+ ratio remains con­
stant. It follows also that the e.m.f. remains 
constant.

One may calculate the heat of fusion of CeCl3 
from the phase diagram by the well-known equa­
tion

where AHf =  heat of fusion, v — foreign particles/ 
mole of added solute, x — mole fraction of solute, 
R ~  gas constant, To - melting point of CeCl3, 
T =  melting point of solution. The value of vx to

be used in the equation depends upon the nature 
of the solute and solvent. Thus, if AHf were 
known, this calculation could be used to identify the 
species present in the solution. Unfortunately the 
onl3r value for AHf which is available ( 8  kcal./mole ) 5 
is derived from the phase diagram of Eastman, et al. 6 
This diagram has now been shown to be in error. 
It may be noted that the calculated values of AHf 
for Ce°, Ce+ salts and Ce2+ compounds as the 
assumed species of the solute are, respectively, 6 .0 ,
9.0 and 18.7
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(5) L. Brewer, el al., Paper 6, Page 76 et seq., “Chemistry and Metal­
lurgy of Miscellaneous Materials: Thermodynamics,” ed. L. L. Quill, 
National Nuclear Energy Series.

(6) E. D. Eastman, D. D. Cubicciotti and C. D. Thurmond, Paper 
2, Page 10, “ Chemistry and Metallurgy of Miscellaneous Materials: 
Thermodynamics,” ed. L. L. Quill, National Nuclear Energy Series.

(7) The solvent, CeCh is assumed to contain Ces+, Cl" and all pos­
sible complexes of Cc3* and Cl- in amounts such that they are not 
appreciably affected by a small addition ( i .e .,  10-i mole fraction) of 
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VOLUME EFFECTS ON MIXING IN THE LIQUID Bi-BiBr3 SYSTEM1
B y  F. J. K eneshea, Jr., and D aniel Cubicciotti 

Stanford Research Institute, Menlo Park, California
R eceived N ovember 15, 1958

Volume effects on mixing in the liquid Bi-BiBr3 system have been determined by measuring the density as a function of 
temperature for mixtures varying in composition from pure BiBr3 to 0.4 mole fraction of bismuth. It was found that there 
is a decrease in the total volume of the system on mixing. In the mixtures studied, the partial molar volume of the BiBr: 
is approximately the same as the molar volume of BiBr3 and increases with temperature. The partial molar volume of the 
bismuth in the solutions is less than the molar volume of pure bismuth and decreases with increasing temperature. These 
effects are analogous to the volume changes found previously in the Bi-BiCl3 system and are interpreted in terms of the same 
model of an interstitial type of solution, with the added bismuth entering into empty octahedral holes in the liquid quasi­
lattice. Above a temperature of 300° the partial molar volume of bismuth becomes negative at infinite dilution. It is 
suggested that this contraction in volume is brought about when added bismuth enters into the interstitial holes in the ex­
panded bromide lattice and pulls the surrounding bromides more closely together.

Introduction
In previous reports in our study of metal-salt 

interactions we have discussed the results obtained 
in the investigation of vapor pressures in the B i- 
BiCL and Bi-BiBr3 systems2- 3 and volume effects in 
the Bi-BiCl3 system. 4 As a continuation of this 
work we have measured the volume changes in the 
Bi-BiBr3 system. As has been pointed out pre­
viously, 3 the phase diagram for the bromide system 
is very similar to that for the chloride. At 300° 
as much as 40 to 45 mole %  bismuth can be dis­
solved in BiBr3; at higher concentrations and at 
300°, two liquid phases coexist.5 In the present

(1) This work was made possible by the financial support of the Re­
search Division of the United States Atomic Energy Commission.

(2) D. Cubicciotti, F. J. Keneshea, Jr., and C. M. Kciley, Tins 
J o u r n a l , 62, 463 (1968).

(3) D. Cubicciotti and F. J. Keneshea, Jr., ib id ., 62, 999 (1958).
(4) F. J. Keneshea, Jr., and D. Cubicciotti, ib id ., 62, 843 (1958).
(5) (a) B. G. Eggink, Z . physik. Chem ., 64, 449 (1908); (b) L. 

Marino and R. Becarelli, Atti accad. nazl. L incei, 24, 625 (1915): 25, 
105 (1916); 25, 171 (1916),

study only salt-rich homogeneous liquid solutions 
of bismuth in BiBr3 were investigated.

Experimental
As in the chloride experiments, the densities of liquid Bi- 

BiBr3 mixtures were determined by a pycnometric method, 
the details of which have been reported already.4

The BiBr3 was prepared by reaction of Bi20 3 with aque­
ous HBr and then evaporation of the water under N2. 
Before use, the BiBr3 was distilled twice under o mm. of 
dry N2, the final distillation being made directly into the 
Pyrex pycnometer containing a weighed amount of bismuth. 
The pycnometer was sealed under vacuum. The material 
in the pycnometer was always premelted by heating with a 
torch before being transferred to the furnace, which was al­
ready heated to a temperature of about 300°. This was 
done to prevent breaking of the bulb by expansion of the 
solid salt if the material were allowed to come to temperature 
in the furnace.

The BiBr3 prepared in the above fashion was found by 
analysis to contain 46.36% Bi (determined gravimetrically 
as BiPCh); the theoretical amount for BiBr3 is 46.56%.

A cooling curve taken on a 100-g. sample of the pure BiBr3 
showed a halt corresponding to the freezing point at. 218<5°.
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This compares with a value of 218° for the melting point 
listed by the National Bureau of Standards.'1

Results
The densities of the Bi-BiBr3 solutions were cal­

culated in the same way as was described for the 
chloride system. The experimental densities ob­
tained for solutions ranging in composition from 
pure BiBr3 to 0.4 mole fraction of bismuth are 
shown as a function of temperature in Fig. 1 . 
The straight lines drawn through the points were 
obtained from a least squares treatment of the 
data to fit an equation of the form p = a — bt, 
where p is the density in g./cc., a and b are constants 
and t is the temperature in °C. The constants for 
the equations are shown in Table I, along with the 
experimental temperature range and the standard 
error.

Table I
Density Equations for Bi-BiBr* Mixtures

p — a  — btMole
fraction Bi (g./ce.)

a 6 X 10*
Standard error (g./cc.)

Exptl. temp, 
range (°C.)

0 5.248 2.40 0.001 224-394
0.0129 5.260 2.33 .001 223-318

.0792 5.367 2.25 .001 227-363

.1308 5.433 2.15 .001 230-356

. 1562 5.484 2.15 .002 216-393

.2935 5.702 1.85 .002 343-446

.4001 5.920 1.65 .002 355-447
The density of pure BiBr3 as measured in this 

study was 1 %  higher than the value found by Jaeger 
and Kahn7 at 250° and 2 %  higher at 400°. Jaeger 
and Kahn state that the melting point of their 
material was about 250°, which is considerably 
higher than that observed for our material (see 
Experimental).

From the density, the molar volume of the 
solution V  was calculated by means of the equation

y  =  MlXl + MjXj 
p

where Mi and are the molecular weights of 
BiBr3 and Bi, respectively, and Xi and x2 the corre­
sponding mole fractions. . The molar volume as a 
function of composition is shown in Fig. 2  for tem­
peratures of 250, 300, 350 and 400°.

From the molar volume curves the partial molar 
volumes V of BiBr3 and bismuth were determined 
by the method of intercepts. The values of 
these partial molar volumes for several compositions 
and temperatures are given in Table II. The error 
in the values for the molar volume is estimated to 
be ±0.1% . This error is greatly magnified in 
determining the partial molar volume of bismuth 
V% at low concentrations because of the long extrap­
olation that must be made. Thus, at infinite 
dilution the error in 1 ’ 2 is estimated to be ± 1 0  
cc., and at concentrations between 0.1 and 0.3 
mole fraction of bismuth it is ±2.5 cc. These 
errors were obtained by drawing the molar volume 
curve (Fig. 2) with its maximum plus and minus 
deviation and constructing tangents in each case to 
find the spread in the values for the partial molar

(6) “Selected Values of Chemical Thermodynamic Properties," 
Circular 500, National Bureau of Standards.

(7) F. M. Jaeger and Jul. Kahn, P r o c . A ca d . S c i . A m sterd a m , 19, 
381 (19161.

Temp., °C.
Fig. 1.—Density of Bi-BiBr? inixtures as a function of tem­
perature. Numbers on eurves indicate mole fraction Bi.

volumes. In using the method of intercepts in 
this work, Vi was determined graphically and V2 
was calculated from V and Vh using the expression

V = XiVi +  X2 V2

The tangents to the curves were constructed from 
the normals, which in turn were obtained by 
holding a mirror across the curve and applying the 
“ squint test.-” 8

Discussion
The molar volume curves of Fig. 2  show that 

when bismuth is mixed with BiBr3 there is a de­
crease in the total volume. Comparison of the 
bromide with the chloride system indicates they are 
quite similar in that respect, with a slightly larger 
decrease in the bromide case. For example, the 
largest decrease in the bromide system was 6 %  
(at 400° and x2 ~0 .4 ) as compared to 5% for the 
chloride system (at 400° and x* ~  0.35).

The partial molar volumes in this system follow 
the same pattern observed with the chloride. The 
partial molar volume of BiBr3, Vh is essentially 
the same as the molar volume for x-> <  0 . 1  and 
differs from the molar volume by only 1 %  up to x2 
= 0.3. Thus in the salt-like phase the volume of 
the BiBr3 behaves almost ideally. The partial 
molar volume of the bismuth V2 is considerably 
smaller in dilute solutions than the molar volume of 
bismuth but increases as the bismuth concentra­
tion increases, reaching values of the order of those 
of pure bismuth when the solutkm becomes satu­
rated. For a given composition V2 decreases with 
increasing temperature.

In the chloride system it was suggested that the 
results could be interpreted by postulating that the 
bismuth atoms, or ions formed by loss of electrons, 
enter into interstitial octahedral holes in the liquid

(8) A. G. Worthing and J. Geffner, “Treatment of Experimental 
Data," John Wiley and Sons, Inc., New York, N. Y., 1943, p. 88.
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T a b l e  II

M ole
fraction B i 

0

0 . 1 to 0 . 2

.3

.4

0
0 . 1  to 0 . 2

.3

.4
1 . 0

P a r t i a l  M o l a r  V o l u m e s  i n  B i - B i B r 3 M i x t u r e s

250°

0 0 .6  db 0 .1
05.9 ±  0.1
05.1 ±  0.2

- 4  ±  10
14.5 ±  2.5
17.5 ±  2.5

20.76 db 0 .0 2 6

300°

99.1 ± 0 .1
08.2 ±  0 . 2  

97.8 ±  0 . 2  

95.1 ±  0.3

EliiBr», CC.
350°

1 0 1 . 8  ±  0 . 1  
100.9 ±  0.2 
100.3 ±  0.2 
98.2 ±  0.3

Fbì, cc.
- 8  ±  10 -2 4  ±  10
14.2 ± 2 . 5  11.3 ±  2.5
15.2 ±  2.5 13.8 ±  2.5
19.7 ±  0.8 18.0 ±  0.8
20.90 ±  0.02 21.03 ±  0.02

400°

104.6 ±  0.1
103.5 ± 0 . 2
103.5 ± 0 . 2  
100.9 ±  0.3

-2 9  ±  1 0

10.6 ±  2.5 
10.8 ±  2.5
16.7 ±  0.8 
21.16 ±  0 . 0 2

a A mixture containing 0.4 mole fraction bismuth at 250° is in the two-phase region of the phase diagram. b The molar 
volume for pure bismuth was obtained from previous work. 4 The liquid molar volume at 250° (below the melting point) 
was obtained by extrapolation from higher temperatures.

Mole fraction, Bi.
Fig. 2 .—Molar volume of Bi-BiBr3 mixtures as a func­

tion of composition. The dashed line in each case represents 
additive volumes.

BiCl3 quasi-lattice. The same model can be applied 
to the present system since the results are similar. 
The model accounts for the net decrease in volume 
on mixing because the bismuth, on dissolving, oc­
cupies holes that are already available in the 
original salt. (However, in dilute solution the

Fig. 3.—Expansivity of Bi-BiBrs solutions at 400°.

volume decrease is too great to arise entirely from 
this effect, as will be seem) The model also 
accounts for the decrease in V% with an increase in 
temperature because the thermal expansion of the 
bromide lattice allows the added bismuth to be 
more readily accommodated.

As in the chloride case calculations of the partial 
molar volume of bismuth based on filling of the 
octahedral holes in a close-packed bromide lattice 
lead to results which are inconclusive in deter­
mining the bismuth species involved.

In dilute solutions V2 becomes negative, having a 
value of —30 cc. at 400° and infinite dilution (Table 
II). This effect can be included in the model if one 
postulates that on entering the hole the added 
bismuth causes a contraction of the bismuth and 
bromine species in its vicinity. At 400° the pure 
BiBi'ii has expanded by 8 %  over its value at 250°, 
as calculated from the change in molar volume. 
It does not seem unreasonable to suggest that the 
local structure around an octahedral hole can be 
reduced by at least this an ount when bismuth is 
added to BiBr3 at 400°. For the expanded close- 
packed structure assumed here the large negative 
value of V2 can be explained by a reduction of a 
few per cent, in the volume of the eight octahedra 
immediately surrounding an octahedral hole.

The expansivity of the bromide solutions, like 
that of the chloride system, exhibits negative devia­
tions from additivity due to the fact that d Vs/dT <  
0 . This is illustrated graphically in Fig. 3, where
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the expansivity at 400° is shown as a function of 
mole fraction of bismuth. The total expansivity 
of the solution, (1 /7 ) (bV/bT), is given by curve 
A, and the expansivities of the BiBr3 and Bi, 
(1 /7 ), (bV/bT), are given by curves B and C, re­
spectively. (The expansivities in this instance are 
plotted versus mole fraction rather than volume 
fraction as in the chloride case4 to avoid using 
negative volume fractions, which would be obtained 
a_t dilute concentrations due to negative values of 
Vi.) For an ideal solution, the expansivity of the 
Bi-BiBr3 mixtures when plotted against mole 
fraction (curve D of Fig. 3) does not give a straight 
line as it would if plotted against volume fraction. 
The expansivity of the BiBr3 in the solution, shown 
by curve B, was calculated from the values of V: 
given in Table II, whereas values of the expansivity 
of the Bi in solution, curve C, were obtained from 
curves A and B and the relationship

i  ( W )  = r _xiV'
Ÿ \drr/ i v t 4- x-z VzK ffi

-ii Vi

+

+  X, Vt

In accord with the behavior of Vx the expansivity 
of the BiBr3 in the solution, ( l / 7 1)(d7i/d!T), is 
essentially constant, showing that the BiBr3 in 
solution acts much the same as pure BiBr3. _On the 
other hand, because of the decrease in V2 with 
increasing temperature, the bismuth expansivity 
is negative for x2 >  0.04_and approaches — «> at 
about Xi =  0.04 where V2 = 0. For x2 <  0.04, 
( l / 7 2) (bV2/bT) >  0  and approaches +  <» at x2 =  
0.04. The positive values arise because for x2 <  
0.04, both F2 and b V2/bT are negative and hence 
the product (1 /V2)(bV2/bT) is positive. Over the 
range of compositions studied, the behavior of the 
bismuth in the solution leads to negative deviations 
of the total expansivity from the ideal curve, as in 
Fig. 3. Evidently the attraction of the added 
bismuth for the surrounding bromides as described 
above leads to a tighter binding than would be 
obtained in an ideal mixture.
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In thormocho.mical calculations, it. is frequently necessary to estimate the standard heat of formation of compounds for 
which experimental data are unavailable. Although there are several methods that may be used, none is completely re­
liable or general. It was the purpose of this research to develop a more reliable and/or more general method of estimation 
or correlation. To do this several modifications were made to the work done by Pauling10 in developing a scale of elec­
tronegativity. The result is the simple equation 2  with a set of parameters x and Y. Each valence state of each element 
may be assigned a value x and a value Y. Where these parameters have not been determined, they may be calculated for 
any cation when experimental heats of formation of two halide compounds of the cation are known. The average devia­
tion obtained for a set of the halides of twenty-two metals was 0.93 kcal./mole. Except for certain fluorides an error of 
less than 1 0  kcal./mole may generally be expected in estimating an unknown using only two experimental values.

I. Introduction
In the estimation of chemical equilibria or the 

stability of chemical bonds :t is often necessary to 
estimate the free energy of formation of chemical 
compounds. One way of doing this is to consider 
separately the contributions of the heat of forma­
tion and the entropy of formation. These two 
quantities may be estimated individually when they 
are not tabulated.

Let us consider the heat of formation. It may 
be defined as the enthalpy change for the reaction 

nA +  mB —  •> AnBm
where A and B are elements. When both reactants 
and products are at an arbitrarily defined standard 
state, e.g., 25° and 1 atm., the enthalpy change is 
the standard heat of formation at those conditions. 
Several methods2 - 4 -6 - 8 ' 11' 12 for estimating this

(1) Howard W . Anderson, M aster’s Thesis, IJniv. of C alif., B erk., 
1958. Also U C R L  8152.

(2) Brewer, B rom ley, Gilles and Lofgren, N atl, N ucl. Energy Ser. 
D iv. IV , 1 9 B , 76 (1949).

(3) V. V. Fomin, Zhur. F iz. K him .. 27, 1689 (1953).
(4) A . Gosselia, Bull. soc. chim. Belg., 12, 61 (1945).

quantity are available. None of these methods is 
sufficient in itself as a general method with reliable 
accuracy. The purpose of this research was to 
develop a more general and/ or more reliable method 
of estimation which also would be easy to apply. 
The work done by Pauling10 in developing a scale 
of electronegativities of the elements was taken 
as the starting point.

Pauling's approximate equation relating the heat 
of formation to electronegativity is

— Alii = N) fa»' — XA )2 — oo.lnx — 24.2tto (I) 
A -B

where
(5) N. W. G regory, J. A m . Chem. Soc.. 75 , 6054 (1953).
(6) A . F . K apustinskii, I  z vest. A had. N auk. S .S .S .It. Otdel. Khim . 

N auk, 568 (1948),
(7) A . F, K apustinskii and Y u . M . G olu tvin , ib id . , 3 (1951).
(S) O. K ubaschew ski and E . L. Evans, "M eta llu rg ica l Therm o­

chem istry,”  John W iley and Sons. Inc., N ew Y o rk , N . Y ., 1956.
(9) R . S. M ulliken, J. Chem. R hys., 3, 586 (1935).
(10) L. Pauling, ‘ ‘ T h e N ature of the Chem ical B ond,”  C ornell Uni­

versity  Press, Ithaca, N . Y ., 1945.
(11) P. Sue, J. chim. phys., 42 , 45 (1945).
(12) F . Trom be, Com pt. rend., 218, 457 (1944).
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N.
Fig. 1.—Iterative solution of eq. 4; x vs. N.

x' is electronegativity (in kcal.'/s)
Ti is the no. of atoms of nitrogen or oxygen in the molecule 
aH( is the standard heat for formation (in keal.)

The summation is taken over the apparent number 
of single bonds. The corrections for nitrogen and 
oxygen are a result of their excessive stability in the 
standard state in comparison with the energy of 
single N -N  or 0 - 0  bonds.

Although Pauling’s equation was developed 
strictly empirically, Mulliken later gave some 
theoretical justification for its form . 9

Let us now consider methods of improving the 
accuracy of equation 1 . Pauling’s use of correc­
tion factors for the standard states of nitrogen and 
oxygen suggests that this type of correction might 
also be employed for the other elements. It was 
decided to assign such a constant, designated Y, 
to each element. These constants can be used to 
correct for changes in the standard states of the 
elements. It should be pointed out that constants 
resulting from an empirical fitting process do not 
necessarily have physical significance.

The Pauling scale of electronegativity was deter­
mined initially as a unit for a small group of non- 
metallic elements and then extended one value 
at a time for the metallic elements. It should 
be possible as well as desirable to evaluate the whole 
set at once. A set of Y values could be determined 
simultaneously. That is, we take eq. 1 as the form 
of our tentative relation. We use a complete set of 
Y values but do not assign values for x or Y, and 
obtain

- M i l  —  »'ABixR — X a ) -  +  vaF a +  vnl 'n  (2 )

where
par is the apparent no. of single bonds 
vk is the no. of atoms of element A 
j/b is the no. of atoms of element B

Although the equation is written for binary com­
pounds, it is not restricted to them. It is readily 
adapted for more general compounds. For ex­
ample, if a compound contains anion C in addition 
to anion B, we write
— Mh = vab(xb — Xa) 2 +  pac(.tc — xa) 2 +  va Fa +

raFji +  vcFc (3)
Since all the data used in this study are for com­
pounds of only one cationic and one anionic species, 
the binary form of the equation is used throughout. 
This does not affect the generality of the results.

To evaluate the set of x and 7, we may utilize 
the technique of least squares to fit the equation to 
the experimental data. Let

A “  ( — Aiffbxpti — ( — Alii)

| [ 2 A> ] - 0  = 2 | a ’ = 0

£ XAnj XBih, I At., I Bin
The result is

An
£ = xb,,,’: E  2Â a¡Bm (xn,,, — xa>) — 0 (4a)

i -  Ai 
B  m

W! — 2AvA„Bj (xBj — x.Au) = 0 (4b)
j = B,
An
E  A B m  =  0 (4 c )

i  = A i
Bn,
E  Ay An = 0 (4(1)

j=Bi
There result 2(m +  n) equations in 2{m +  n) 
unknowns, variables inseparable, to be solved 
simultaneously.

Results and Discussion
Solution of Equations 4.—This set of equations is 

non-linear and implicit in x. The method of solu­
tion chosen was the use of an iterative procedure. 
The particular method selected is discussed in 
detail by Anderson. 1

Equations 4c and 4d are linear in Y and present- 
no difficulty as far as the iterative solution is con­
cerned. Equations 4a and 4b, on the other hand, 
are cubic in x and pose a problem in root selection. 
Preliminary hand calculations indicated that for the 
cations one root was greater than the anion electro­
negativities, one was approximately equal to the 
average of the anion values, and one was less.

$ = xa„: 

i  -  YRm: 

£ = Ya„:
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S y m b o l  

a,b,c, . . . 
A 
B 
N 
x

Y
5
AH {

N o m e n c l a t u r e

Definition
Numerical constants 
Designates a cation 
Designates an anion 
Iteration number 
JClectronegativity (primed 

values denote Pauling’s 
values)

Synthetic parameter
( ( AH) ca!c<t

Standard heat of formation at 
25°, 1 atm.

Apparent number of single
bonds A -B in compound A„B,„

Number of atoms of A or B per molecule

U n its

( Kcal, /mole) '/* 
Kcal./atom 
K cui./mole

Kcal./mole

The first root is contrary to the Pauling scale and 
the general theory. The second leads to a solution 
in which all the electronegativities are nearly the 
same. This is also contrary to the electronegativity 
concept. The third root is in agreement with the 
scale of Pauling and is thus the root of interest. A 
similar situation was found for the anion roots. 
Owing to the nature of the equations, these roots 
were evaluated by trial-and-error calculations.

The calculations required for the iterative solu­
tion and the trial-and-error evaluation of roots are 
readily performed by high-speed digital com­
puters. In this case the problem was programmed 
for the IBM 701. The experimental data used in 
the solution were the heats of formation of the 
halides of twenty-two metals. The halides were 
selected because they are chemically similar and 
should pose no great problem in radical behavior. 
Unfortunately the program chosen did not allow 
for heats of formation larger than 250 kcal./mole 
and hence the heats of the alkaline earth fluorides 
were not used.

A plot of several x values as a function of the 
number of iteration is given in Fig. 1, and a set of 
Y values is plotted in Fig. 2. There is a tendency 
for the system to converge, although a few values 
seem particularly recalcitrant. The slopes of these 
curves are plotted in Figs. 3 and 4. Initially there 
appears to be a decided tendency toward converg­
ence. However, as the solution continues, the rate 
of change of the x values seems to be heading 
toward a common value, as are the rates for Y. 
Although the rates at the end of 188 cycles are 
generally small, there is no indication that con­
vergence on a unique set of values would be ob­
tained in any finite number of additional cycles. 
The system at 188 cycles may be thought of as a 
pseudo solution; it approximately satisfies the 
set of equations, yet unique values have not been 
found for x and Y.

A plot of the total deviation from experiment of 
values of — A / / f  calculated from sets of c and Y at 
different iteration numbers indicates that the 
agreement is continually improving and tending 
toward a minimum. The log of the slope of this 
curve plotted as a function of the log of the iteration 
number results in a straight line of slope minus 
2.0 to within the accuracy of the data. That is

Fig. 3 .--Iterative solution of eq. 4; dx/d.V vs. N.

Fig. 4.—Iterative solution of eq. 4; dy/dN vs. N.

Graphically, b is 1.60 X  10s. Integrating from N  
— d to infinity, one obtains

X dsa
d dN dN = (25),^ »  -  (25)n=d = 1.00 X 10*

d

to* ,  6V-, 
dN (5)

Let d be 188; then one gets
(25)n.= co — (25) 7i<=..lss = —8.5 kcal.

Thus, if the slope of 2 o vs. N  were to continue to 
decrease in accordance with equation 5, 25 would 
be reduced by 8.5 kcal. after an infinite number of 
iterations. Although this is to be considered 
only as an approximation, it is indicative of the 
extent to which correlation may be improved by 
continuing the iterative procedure. For the pres­
ent purposes, this amount of gain in agreement 
with experiment does not warrant the time or the 
financial investment in computer time that is
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required to obtain it. The system at 188 iterations 
will be considered a ‘ ‘solution”  and evaluated as 
such. It is given in Table I.

T a b l e  I

It e r a t iv e  S o lu tio n  o f  E q u a tio n s  4 
V a l u e s  o f  x  a n d  Y  fo r  I t e r a t io n  1S8

X Y X Y
Ion (kcal.1/2) (kcal.) Ion (kcal.1/*) (kcal.)

Sn + + 6.858 -3 0 .9 1 M g — 4.522 - 3 6 .6 0
Pb — 7.220 - 1 8 .3 0 Ca — 4.788 10.70
Zn+- 6.858 -1 5 .5 8 Sr + + 4.618 13.70
Cd — 7.255 - 1 0 .1 6 Ba­ 4.533 19.38
Hg + 9.554 2.53 l d - 5.595 19.61
Cu + 10.107 6.68 K - 7.553 54 00
Cu — 6.980 -6 0 .4 7 R b - 7.794 55.90
Ag + 9.134 -  0.79 Cs + 8.295 61.93
Ni — 6.480 -5 0 .7 3 F - 18.449 -3 7 .9 7
Co+ + 6.620 - 4 4 .7 0 c i - 13.411 14.67
Fe — 6.534 - 4 2 .1 4 B r- 12.840 11.31
Mil — 6.853 -  3 .35 I - 12.076 5.22
Cr— 6.770 -1 7 .1 4

Evaluation of Solution.—The experimental data 
and back-calculated heats are listed in Table II. 
The agreement with the experimental data is con­
siderably better and comparable in order of mag­
nitude with the expected error in the experimental 
values. Continuing the iterative procedure fur­
ther can indeed result onl}r in minor gains.

During the calculation of the average deviation 
it was observed that for chromium the deviation 
from experimental values was much larger than for 
any other element: the average error for three 
values of — AHf was 3.90. A check of the experi­
mental data revealed that they were in serious 
disagreement with the latest information; the error 
in the value for Crl2 was 13.9, for CrCl2 was 2.45 
kcal. New x and Y values for chiomium were 
calculated from the latest data using equations 4b 
and 4d. The average error was reduced to 1.45. 
This demonstrated that the present method might 
detect some large deviations in experimental deter­
minations.

Extension of the x and Y Scale.—Additional 
individual values can be calculated readily, as was 
done in correcting the chromium constants, if a 
set of values of x and Y is available. It would 
increase the range of applicability of the equations 
if the scale could be extended to include ox3rgen, 
sulfur and also radicals like the carbonate and 
sulfate. That is, consider the radicals as acting as 
entities in the equations instead of a combination of 
elements. Such a calculation was made using 
carbonate, nitrate, sulfate and acetate radicals. 
Constants for oxygen and sulfur were calculated

T a b l e  II

S o lu tio n s  o f  E q u a t io n s  4 fo r  H alid e s  
C om parison  o f  E x p e r im e n t a l  D ata  an d  B a c k -c a l c u l a ­

tio n  FOR — A//f2<jS

All data in kcal./mole.
Oompd. K xptl. Caled. Com pd. K xptl. Caled.

L iF MG. 3 140.87 IlgiC ls 63.32 G4 U
L iC l 97.70 9 5.37 IIg?Br? 49.42 49.27
L iB r 80.72 83.41 HgjI* 28.91 28.22
L il 64.79 66.84 IigCl? 5 5 .0 54.48
N aF 136.0 136.46 llg B n 40.5 42.02
N aC l 98.232 96.27 H?I? 25.2 2 4 .19
N aB r 86.030 85.60 SnCl? 83.0 84.31
N a l 68.84 70.74 SnBr? 6 3.6 63.28
K F 134.46 134.75 S n li 34.4 33.99
K C l 104.18 102.98 P b F í 158 .5 157.93

K ü r 93.73 93.20 PbCl? 85.85 87.68
K I 78 .31 79.07 Sr P i (290.3) (320 35)'
K b F 13 1.2 8 131.40 SrCI? 198.0 197.67
R bC l 102.91 10 2 .11 S rB n 1 7 1 .1 17 1 .5 2
R b B r 93.03 92.67 Sri? 13 5 .5 135.39
R b l 7 8 .5 7 9 .45 B ain (280.9) (330.75)
C s F 120.9 127.0 7 B aC L 205.56 206.34
C sC l 103.5 J 02.77 B a ß n 180.4 180.0
C sB r 94.3 93.89 Bal? 144.0 143.61
C sl 80.5 8 1.4 5 C rin 18 1.0  • 18 1.38
M gFi (203.5) (275.38 )" C rC ls 97.0 94.82
M g C h 153.40 150.75 Cri? 40.3 4 2 .11
M g Br? 12 3 .7 124.38 M n F? 189.0 189.66
M gl* 86.0 87.90 M n C h 1 15 .3 112.00
CaF? (290.3) (308.01)" M n ß n 90.7 90.96
C a d ? 190 0 188.74 Mn I» 59.3 6 1.6 6
CaBr? 16 1 .3 162.98 F e d ? 8 1 .5 8 1.7 7
C al* 12 7.8 127.37 Fe Br? 60.02 60.00
C u l 16 .2 15 .7 7 Fel? 29.98 29.72
Cu F« 126.9 126.67 CoF? 159.0 159.22
Cu C li 49.2 5 1 .5 8 CoCl? 77.80 76.87
Cu B n 3 3 .2 30 82 C o ß n 5 5 .5 0 55.30
C u L 1 .7 1 .9 1 C ol? 24.40 25.28
A gF 48.5 48.02 NiF? 15 9 .5 159.86
A gC l 30.362 3 2 .17 Ni Cl? 7 5 .5 74 .6 9
A gB r 23.78 24.25 N ißr? 54 .2 5 2 .79
A g l 14 .9 1 13.09 Nil? 20.5 22.35
ZnCl? 99.40 99 63 C u C l 32.2 32.26
Z n B n 7 8 .17 78.60 Cu Br 2 5 .1 2 5.45
Znl? 49.98 49 31 Pb Br? 66.21 67.48
Cd Fi 164.9 164.50 P b l? 4 1.8 5 39.30
CdCl? 93.00 94.95
C d B n 7 5 .1 5 74.83
C d h 48.0 4 6 .75

0 Not used in evaluating constants for these cations.

at the same time. These calculations were again 
made on the IBM 701, using a modification of the 
original program to solve equations 4a and 4c for 
each anion. The results indicated that two con­
stants per element are inadequate to produce a 
satisfactory correlation. 1
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A STUDY OF AMORPHOUS SiO
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A Fourier analysis of the scattered intensity from the material described as “ amorphous SiO" indicates that the material 
is a stoichiometric mixture of SiO* +  Si.

Introduction
When Si02 is heated with a reducing agent such 

as Si or C, it vaporizes to SiO.1 Solid SiO is ob­
tained by quenching this vapor. The resulting 
substance is brown-black, resinous looking, and X - 
ray and electron diffraction studies show an amor- 
phouso diffraction ring corresponding to a spacing of
3.60 A. Hoch and Johnston2 claimed to have made 
crystalline SiO by heating a mixture of Si and Si02 
at 1300°. The basis for their claim was the de­
velopment of a series of new X-ray diffraction 
lines. Gellcr and Thurmond,3 however, presented 
an alternative interpretation of this work, supple­
mented by further experiments; the powder data 
given by Hoch and Johnson indicate the presence 
of 0-SiC and ¿6-cristobaIite, and not a crystalline 
modification of SiO. Brewer and Edwards1 esti­
mate that SiO is unstable below 1450°K. and that 
the quenched material disproportionates at a con­
siderable rate at temperatures around 400-700°.

Aside from the observation that the diffraction 
pattern of the amorphous material exhibits a char­
acteristic halo, no detailed examination of the struc­
ture has been made, particularly in the room tem­
perature range. Accordingly it appeared worth­
while to do an analysis of the X-ray scattering in 
the hope that a more complete understanding of 
this unusual substance would result therefrom.

Experimental and Calculations
The experimental details and method of ealeulat.ion have 

been described fully in previous publications.1’5 The dif­
fraction patterns were recorded with Mo K« radiation. 
The effective numbers of electrons of Si and O, calculated 
from the scattering factors, were Ksi = 14.0 and Ko — 
7.1, respectively. The SiO sample was obtained from the 
Kemet Co., Cleveland, Ohio. According to their descrip­
tion, it was made by condensing SiO vapor at 500°.

Discussion
The intensity pattern, corrected for polarization 

and incoherent scattering, is shown in Fig. 1. The 
characteristic halo can be seen at s =  1.7; further 
maxima are evident at other s values. The amount 
of detail in a diffraction partem is in a general way 
indicative of the amount of order in the specimen, 
but without a proper analysis of the data it is not 
safe to ascribe these maxima to characteristic dis­
tances on the basis of a Bragg’s law relation.

The radial distribution function calculated from 
the data of Fig. 1 is shown in Fig. 2. The distribu­
tion curve shows a well-resolved peak at 1.63 A., 
two overlapping peaks in the region between 2 and 
3 A., and what appears to be a peak superimposed

(1) L. Brewer and II. K. Edwards, This Journal, 58, 351 (1954).
(2) M. Hoch and 11. L. Johnsten, ./. A m . Client. Sue,, 75, 5221 

(1953).
(3) S. Geller and C. D. Thurmond, ibid., 77, 5285 (1955),
(4) G. W. Braily, J. Client. P k y s . 27, 300 (1957).
(5) G . W. B rady and J. T . Krause, ibid ., 27, 304 (1957).

on a broad background, at 4.1 A. The first peak 
distance is equivalent to the S i-0  distance and can 
be attributed to this interaction. The area under 
the peak is 450 els.2 The nearest neighbor S i-0  
peak would have an area of

2 x K SiX K o X n l ( 1)
where ni is the number of nearest O’s around Si. 
When the values of Xsi and Ko  are inserted and the 
resulting expression equaled to the measured area, 
there results a value of % = 2.1. This is a rather 
surprising result and immediately raises the ques­
tion as to whether the true chemical nature of the 
substance is expressed by the formula SiO. If the 
formula were written as (V 2 Si02 +  V2 Si), the ex­
pression 1 would be multiplied by the coefficient 
Vs which would give a value for ?h of 4.2, consistent 
with the tetrahedral nearest neighbor configuration 
in the silicates. This would imply that the sub­
stance is a stoichiometric mixture of Si02 and Si, 
and therefore there should be exhibited in the radial 
distribution curve an Si-Si peak at 2.36 A. and an
0 - 0  tetrahedral edge peak at 2.65 A. Examina­
tion of Fig. 2 shows that the two unresolved peaks 
between 2 and 3 A. have maxima at roughly these 
positions. We can then proceed to attempt a 
resolution of the peaks.

For example, if we compute the area due to a tet­
rahedral edge 0 - 0  interaction we get 7.1 X  7.1 X  
6 — 302 els. When this peak is subtracted from 
the distribution curve (see Fig. 2), the Si-Si peak 
with maximum at 2.35 A. is resolved. The area is
4.10 els.2 From this we then calculate the nearest 
neighbor number n2 of Si’s around Si. It is equal to 
4 .1 0 / 0 / 2  X  K 2si), which gives a value for n% of 3.7. 
This indicates that the tetrahedral Si structure is 
present as a separate phase and that quantita­
tively as well as qualitatively, the X-ray results are 
completely consistent with the description of “ SiO” 
as being a stoichiometric mixture. We could equally 
well have assumed that the peak with maximum at
2.35 A. resulted from the Si tetrahedral structure, 
subtracted its computed area, and resolved the 0 - 0  
peak at 2.64 A. This procedure gives within ex­
perimental error the correct value of 6 for the num­
ber of oxygen-oxygen neighbors.

It is not possible to deduce a structure having 
two nearest O neighbors for each Si which will re­
produce the distribution function out to any rea­
sonable distance from the origin. For example, if 
one had strings of Si’s attached together with each 
Si attached to two O’s this would require a maxi­
mum number of 2 for the Si-Si neighbors and also 
for the 0 - 0  nearest neighbors. The computed 
electron density of such a configuration would be 
less than the measured density by more than 100%. 
In addition, such a model would require a large
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F ig . 1 .— D iffra c tio n  p a ttern  o f S iO .

Fig. 2.— itadial distribution function calculated from 
t he data in Fig. 1. The dotted peak is the calculated 0 -0  
area.

amount of distortion to reproduce the 0  - 0  peak at 
the tetrahedral distance.

An alternative method is to compare the “ SiO” 
radial distribution curve with that of Si02, obtained 
by Warren and co-workers.6 It is admittedly risky 
to attempt a quantitative comparison of distribu­
tion curves unless the data used in calculat ing them 
are obtained under similar experimental conditions, 
and cover the same angular range of intensity. 
However, it is to he noted that the S i-0  peak at
1.62 A. in both curves (Fig. 3) agrees reasonably 
well.7 'The procedure is illustrated in Fig. 3, 
where the “ SiO” curve is represented in 3a, and the 
Si02 curve, with the ordinate multiplied by */■>, in 
3b. The result of subtracting 3b from 3a is shown 
in 3c. There remain two peaks, the first at. 2.35 A., 
which as before we can immediately identify as the 
nearest neighbor Si-Si peak, and a peak at 3.8 A. 
which can be identified with the second nearest

(0) B. E. W arren, II. K ru tter and O. M ornm gstar, •/. Am . Ceram. 
S oc., 1 9 , 202 (1930).

(7) A detailed com parison of the tw o curves is not necessarily for 
die purpose of deciding whether the differences betw een the curves 
m ay be caused by the presence of a separate silicon phase.

F ig . 3 . - - T h e  resu lt o f  su b tra ctin g  th e  radial d istrib u tio n
fu n ctio n  o f V a S iO j fro m  th a t o f  S iO  is sh o w n  in  3 c .

neighbor distance of the diamond type silicon struc­
ture. The areas of the peaks are, respectively, 425 
and 900 el2. The first peak is consistent with the 
nearest neighbor number of 4. The second nearest 
neighbor peak is not completely resolved and gives 
a value of ~ 8  for the second nearest neighbor num­
ber rather than the expected value of 6 , but this 
difference can be attributed to the approximate na­
ture of the procedure. The more important point 
is the position of this peak which is just, right for 
the second nearest neighbor distance.

These results strongly support the view that 
amorphous “ SiO” is in reality a stoichiometric 
mixture of Si02 +  Si. This does not, of course, 
eliminate the possibility that the original material 
may have been SiO, which disproportionated after a 
time at room temperature.8 However, it is ques­
tionable whether the presence of a “ characteristic 
ring”  in the X-ray pattern can he used unequivo­
cally as evidence for the existence of Si(). The most 
intense peaks for Si0 2 and Si occur at Bragg angles 
of ' - 1 0 .0 ° and ~13.0°, respectively, 8 while the 
“ SiO” ring maximum occurs at ~11.3°. The 
line broadening produced by the line state of sub­
division of the material could result in considerable 
overlap of the two peaks to give this apparent maxi­
mum between them. Indeed, the half-maximum 
width of the peak in the intensity pattern is 8.5°, 
which is more than twice the angular distance be­
tween the maxima of the Si and Si02 peaks.

Acknowledgment.—We would like to thank S. 
Geller and C. I). Thurmond for discussion and 
criticism. The latter also supplied the samples.

(8) G . Haas, ./. A m . ('cram . Hoc., 3 3 , 353 (1950).
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Essential conditions are discussed for the adsorption of an amphipathic polar solute in an unassociated (or weakly associ­
ated) organic liquid. These are exemplified by consideration of the possibility of high surface activity by fluorocarbon com­
pounds dissolved in hydrocarbons or in chlorinated hydrocarbons. A number of amphipathic polar fluorocarbon derivatives, 
which were prepared for this investigation, have been studied with emphasis on the effects of varying the molecular weight 
and structure of the oleophobic and oleophilic portions of the molecule and of the ratio of the number of fluorine and hydro­
gen atoms per molecule. Data are presented on many compounds including mono-, di-, tri- and tetra-functionality in the 
oleophilic portion of the amphipathic molecule. Adsorption of several promising types of compounds at the free surface 
of the liquid was studied by measuring the surface tension lowering as a function of solute concentration for solutions in 
hexadecane, hexachlorobutadiene and chlorinated biphenyl. Because some fluorinated solutes adsorb on smooth solids 
to increase considerably the contact angle of the solution, it was at times advisable to use methods of measuring the surface 
tension which were not dependent on the contact angle. This led to the use of the following methods: differential capil­
lary rise, ring pull, maximum bubble pressure and pendant drop. The merits and deficiencies of each method when used 
with such liquids and solutes are summarized.

Because of the usual uncertainty about the thickness of the adsorbed surface phase, difficulties arose in computing from the 
Gibbs surface excess the extent of adsorption. Evidence is given for the formation in hexachlorobutadiene and chlorinated 
biphenyl of monolayer films of solute molecules. It is shown that the surface activity of a given solute increases exponen­
tially with the difference between the surface tension of solvent and pure liquid solute. The pro )lem of replacing all solvent 
molecules in the surface phase by solute molecules is discussed both in terms of the kinetics of < ompetitive adsorption and 
the possibilities offered by appropriately synthesized materials. Because of solubility problems, it appears impossible 
to find a surface active solute which will operate with high efficiency in a wide variety of organic liquids.

Introduction
By analogy with the hydrophilic-hydrophobic 

nature of the amphipathic (or polar-non-polar) 
molecules which are most surface active in aqueous 
liquids, one would expect a substance dissolved in a 
hydrocarbon (or in any other unassociated or 
weakly associated organic liquid) to also be surface 
active provided that it has an analogous amphi­
pathic molecular structure. Hence, at opposite 
portions of the solute molecule it .should have oleo­
philic and oleophobic properties, respectively, 
with respect to the liquid phase. 2 Because ad­
sorption of this type of solute can only proceed spon­
taneously when a lowering of the surface free en­
ergy of the liquid accompanies that process, the 
oleophobic portion of the molecule must have a 
higher probability of adsorbing and orienting at the 
free surface of the solution and of thereby lowering 
the surface free energy below that of the solvent.

Since' surfaces comprising perfiuoromethvl or 
porfluoromethylene groups have much lower free 
surface energies than those comprising the analo­
gous hydrocarbon groups or any others studied to 
date, 3 - 7  the most promising surface active agents 
for use in organic liquids can be prepared using 
suitable highly fluorinated hydrocarbon deriva­
tives as synthetic starting materials. One simple 
method of balancing appropriately the oleophobic 
and oleophilic properties of the molecule is to con-

(1) Presented ut "Symposium on Surface Chemical Properties of 
Fluoroclieniicals” at joint meeting of Division of Colloid Chemistry 
and Fluorine Chemistry Subdivision of Division of Industrial Chemis­
try, American Chemical Society 134th meeting, Chicago, Illinois, 
September 11, 1958.

(2) W. A. Zisman and J. G. O’Rear, U. S. Patent 2,824,141 (Feb. 18, 
1958).

(3) If. W. Fox and W. A. Zisinan, ./. C o llo id  «Set., 5, 514 (1950).
(4) II. W. Fox and W. A. Zisman, ib id  , 7, 109, 428 (1952).
(5) F. Sehulman and W. A. Zisman. ./. Am . Chem. Xoc., 74, 2123 

(1952).
( 6 )  If. M. Scholberg, R. A .  Guenther a n d  R. 1. Coon, T h i s  J o u r n a l , 

6 7 , 923 (1953).
(7) A. H. Ellison and W. A. Zisman, ib id ., 6 9 , 1233 (1955).

dense an alkanoic monocarboxylic acid with a per- 
fluoroalkanoic alcohol, the number of carbon atoms 
in each of the two segments of the molecule being 
adjusted by the appropriate choice of the acid and 
alcohol used as starting materials. However, only 
when the method of linking the oleophobic and 
oleophilic portions of the molecule greatly alters 
the solubility is the choice critical; thus, a hybrid 
ether would also appear promising. Variations 
from a simple linear arrangement of oleophobic and 
oleophilic radicals, can be obtained by synthesis of 
branched molecules so constructed that 2 , M or more 
fluorinated hydrocarbon groups would he free to 
adsorb simultaneously in the interface, the rest of 
the molecule being submerged in the liquid sub­
strate.

This report is concerned with the surface tension 
depressant, properties of a a arietv of soluble fluoro­
carbon-hydrocarbon hybrid molecules at the or­
ganic liquid-air interface and with their relat ion to 
the absorptivity, solubility and molecular structure. 
Much of the experimental work with soluble fluoro­
carbon derivatives reported here was completed 
prior to our published work with the all-Teflon film 
balance on insoluble film-forming materials7'8; but 
unavoidable interruptions delayed completion of 
this paper.

Materials and Experimental Procedures
With t.he exceptions of the perfluorokerosone (FOD-330), 

ethyl « -̂butyrate, bis-(i-but>xy)-his-(0'-hcptoxy)-silano, 
tris-(0'-amyl)-phosphate, tetrakis-(0'-pentoxy)-silane and 
1 )is-(i-l>utoxy)-l)is-(0'-Octoxy)-si ane, the fluorocarbon de­
rivatives used here have already been described by O’ltear, 
Murphy and co-work era.v Their nomenclature will be used, 
here as

0-oetanoic acid = FfOl'MOOOf [
0 '-octaii ol = lyCIribCHoOH 

0-octa.noic acid = H(CF,)7OOOH 
0'-octanol = lKCFshCHjOH

(8) A. If. Ellison and W. A. Zisman, ibid., 60, 41« (1959).
(1>) P. I). Fail rote. C. M. 11 end Orson, C. M. Murphy, .1. U. O ’ Hear

and H. Ravner, Ind. line. Chem., 48, 445 (1959).
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Although an exceptional degree of purity was achieved 
in each synthesis, the last traces of adsorbable impurities 
were removed by slow percolation of the liquid preparation 
through a column filled with suitable adsorbents. Freedom 
from adsorbable impurities was determined by measuring 
the spreading coefficient of the compound on water using 
Washburn and Keim’s method10 using eicosyl alcohol as the 
‘ ‘piston film. ’ ’8 Purity was j udged to be adequate when the 
spreading coefficient was at a minimum and did not change 
on further treatment with adsorbents. Hydrolytically 
unstable compounds {e.g., esters of tyaeids) could not be 
tested by this technique. The presence of very small 
traces of <j>- or (¿-acids in the esters could be detected, how­
ever, by observing whether the ester would spread freely 
on a clean polished platinum foil. If spreading took place 
and no retraction occurred afterwards, the compound was 
adjudged free from such acids, since previous research had 
shown that very small concentrations of any of these acids 
readily adsorbed on the clean metal substrate to form a con­
densed monolayer on which the bulk liquid could not 
spread.11 3

Bis-(¿-butoxv )-bis-^'-heptoxy)-silane, tris-( '-amyl )- 
phosphate, tetrakis-(^'-pentoxy)-silane and bis-(i-butoxy)- 
bis-(^'-octoxy)-silane were synthesized and purified at this 
Laboratory by J. G. O’Rear. The perfluorokerosene FCD- 
330 (a perfluorolube oil fraction having a density di04 
1.9958 and boiling at 60-130° at 10 mm.) was supplied by
E. I. du Pont de Nemours & Company, Incorporated. 
Ethyl .¿-butyrate was obtained from Columbia Organic 
Chemicals Company. All of these substances were puri­
fied as described above. A commercial grade of n-hexadec- 
ane, having a surface tension at 20° of 27.6 dynes/cm., was 
used most frequently as the organic substrate in this study 
because it is not too volatile, has a low viscosity and can be 
readily freed from polar impurities by percolation through 
activated silica and alumina.

Solutions were prepared by adding a weighed amount of 
solute to a known volume of solvent. Saturated solutions 
were made by adding an excess of solute and then warming 
it slightly to (msure saturation. The concentration of a 
saturated solution was determined either from its density 
and the density vs. concentration relation of the unsatu­
rated solutions or from its density alone (assuming ideal 
behavior).

Each of the fluorinated compounds was “ screened”  by 
measuring the depression of the surface tension of a saturated 
solution in a-hexadocane at 20°. This was taken as a 
measure of the maximum useful surface activity of the solute. 
However, in a few instances the solute was miscible or 
nearly .so, and a 10% by weight solution was used instead. 
From this work several interesting compounds were selected 
for measurement of the surface tension vs. concentration (c) 
of solute in order to compute the adsorption excess P by ap­
plying the Gibbs equation

Nearly all of the solutions studied exhibited non-zero 
equilibrium contact angles on glass and platinum and, there­
fore, no one method of measuring surface tension was always 
most satisfactory. Four methods therefore were used. 
These methods were the differential capillary rise (C), ring 
pull (R), differential maximum bubble pressure (JB) and 
pendant drop methods (P).

A simple and precise differential capillary rise cell, which 
was easily disassembled and cleaned and needed only 0.25 ml. 
of liquid, was designed by our associate, H. W. Fox, and 
used in tins investigation. It w'as constructed from two 
6 ''-lengths of precision-bore, glass, capillary tubing which 
were approximately 0.1 and 0.05 cm. in internal diameter. 
Accurate diameters were determined by the mercury feed 
method. On the external surface of each tube was ground 
a fiat area parallel to the bore. This permitted mounting

(10) E . R . W ashburn and C . P . Keim , J . A m . Chem. S oc., 62, 1747
(1940).

(11) A . H. E llison, II. W . Fox and W. A . Zism an, T in s  J o u r k a p , 
67, 622 (1953).

(12) E. F . H are, E . G . Shafrin and W. A . Zisman, ibid., 68, 236
(1954) .

(13) II. W. Fox, E . F. Hare and W . A . Zism an, ibid., 6 9 , 1097
(1955) .

both capillary tubes in parallel side by side and close enough 
together to be visible simultaneously in the field of view of 
the telescope of a slide micrometer. Three spacers cut 
from Teflon sheet (Vie" thick) were used to hold the pair 
of capillaries in place with their axes vertical in a heavy wall 
test tube 6 " long. The heavy wall of the test-tube served 
to eliminate the buoyancy effect when the tube was partly 
immersed in the water thermostat-bath. By this arrange­
ment the differential capillary rise with_ water or n-hexa- 
decane could be read with a reproducibility of ± 3  X 10 4 
cm. and a precision of ±0.02 dyne/cm. Excellent checks 
with the best surface tension values in the literature could 
be obtained with this device.

The maximum bubble pressure cell used here was much 
like that described by Sugden.14 It was protected from the 
contaminating vapors of the incoming air and the manome­
ter fluid by suitable cold traps and absorption towers. The 
Ceneo-DuNuoy interfacial tensiometer was used with the 
corrections of Fox and Chrisman.15 The pendant drop ap­
paratus was much like the atmospheric pressure and tem­
perature instrument described by Andreas, Hauser and 
Tucker.16 Fordham's tables17 were used with the data ob­
tained. For convenience the various components were 
mounted on a single optical bench. The camera lens was 
separated from the camera in order to obviate problems with 
light leaks often associated with bellows-type cameras. 
Reproducibility of measurements with this method is de­
creased because of sensitivity of the drop to building vibra­
tion.

Our experience has shown that whereas the C and R 
methods depend on the solution exhibiting a zero contact 
angle on either glass or platinum, the B and P methods do 
not. Usually the precision of the C, B and It methods was 
better than ±0.05; and that of the P method was ±0.2 
dyne/cm. due to vibration difficulties. Measurements with 
the C and P methods can be made with less than 1 cc. of 
sample, whereas the B and R methods require not less than 5 
and 10 cc., respectively. With (.he C, P and R methods 
there is adequate time for the solute to diffuse to the inter­
face since these are static methods; with the B method this 
can be assumed only when the rate of bubbling is very slow, 
e.g., three bubbles per minute. The viscosity of the sample 
does not affect the measurement by the C, P and R methods, 
but it can be ignored with the B method only when the 
bubbling rate is slow. The time involved in making a meas­
urement increases approximately in the order R < C <  B <
P.

The surface tension of the hexadecane used was measured 
by all four methods and good checks for consistency re­
sulted. Surface tensions of the liquid solutes were deter­
mined by whichever was the most convenient method; the 
method used is indicated in Table I. Densities of solutions 
containing loss than 0.5% by weight of the solute were as­
sumed to be the same as that of the solvent; all others were 
measured at 20° using calibrated pycnometers. Pendant 
drop data were obtained at 24 ±  1°, all other surface ten­
sions and densities were measured at 20 ±  0.5° and 50 ±  1% 
relative humidity.

Relative Surface Tension Depression in Hexa­
decane.—Surface tensions of the liquid fluorocar­
bon derivatives studied as solutes in rc-hexadecane 
are given in the 4th column of Table I. The 
liquids are arranged in order of increasing surface 
tension. Surface tensions of the saturated solu­
tions in n-hexadecane are given in the 5th column 
of the table. In the case of i/'/-imdecyl acetate, 
the surface tension of the pure solute is estimated 
because it is solid at 2 0 °.

Because of the lower surface tensions of the pure 
compounds and their amphipathic structures, the <j> 
and 4>' derivatives were more effective as surface 
tension depressants than the structurally analo-

(14) S. Sudden, “ T h e Parachor and V alency,”  K n opf, N ew  Y o rk , 
N . Y .,  1930.

(15) H. W . Fox and C , 1L Chrism an, Jr., J . P h ye. Chem., 56, 284 
(1952).

(16) J. Andreas, E. Hauser and W. T ucker, ibid.., 42, 100 (1938).
(17) S. Fordham , Proc. Hoy. Soc. (London), A 1 4 1 ,  1 (1948).
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T a b l e  I
S u r f a c e  T e n s i o n s  o f  L i q u i d  F l u o r o c a r b o n  D e r i v a t i v e s  in  h - H e x a i >e c a n e  

(All data at 20°; surface tension in n-hexadecane = 27.6 dynes/cm.)
Surface tension

Order of (dynes/cm .) M ethod of
increasing
solubility Fluorochcmieal solute F /II Solute

Satd.
soln.

measurement
used

D ensity

XIV Ethyl «¿-butyrate 1.4 16.3 18.2 Capillary rise 1.394
Bis-( ¿-bu toxy )-bis-( 6 '-oet oxy )-silane 1.4 18.4 Ring pull 1.525

XII Butyl </>-caprylate 1.7 18.7 19.8 Ring pull 1.5328
XV Hexyl (¿-butyrate 0.54 19.2 25.0° Capillary rise 1.2315
III Bis-( <6 '-octyl )-3-me thy 1 glut urate 2.5 19.5 24.6 Ring pull 1.6894

Bis-(a>'-hexyi)-3-methylglutarate 1 . 8 19.9 Ring pull 1.6101
V F.C.D. 330 OO 20.0 27.2 Capillary rise 1.9958

VI Bis-( <6 '-bu ty 1 )-3-methv igl utarate 1.2 20.5 23.5 Ring pull 1.4968
1,6-Hcxanediol bis-( 6-octanoate) 2.5 20 6 Ring pull 1.6687

VI11 Bis-(i-butoxy)-bis-(^'-heptoxy)-silane 1.0 21.0 22.6 Ring pull 1.474
I 1,2,3-Trimethylolpropane tris-(©-butyrate) 1.0 21.2 27.4 Bubble press. 1.6137

IX 1,6-Hexanediol bis-(<6-butyrat e) 1 2 21.5 25.3 Bubble press. 1.4696
X i  '-Heptyl methyl ether 3.5 22.1 26 7 Bubble press. 1.6294

Bis-(d>'-butyl)-sebacate 0.7 22.4 Ring pull 1.3837
XI i/'-Nonyl butyrate 1.6 22.7 25.7 Bubble press. 1.5780

XIII 1,10-Decanediol bis-((6-butyrate) 0.70 23.0 24.0 Bubble press. 1.3594
i^'-Nonyl 2-ethylhexanoate 0.89 23.1 Ring pull 1.4384
Tetnikis-f^'-pentoxy )-silane 2.7 24.5 Capillary rise 1.732

. . . Bis-f ̂  '-no nvl )-3-Gbu tv 1 adipate 1 5 24.9 Ring pull 1.6238
Bis-(i/',-nonyl )-3-me:hvIgl utarate 2.3 24.96 Ring pull 1.714

XVI Oetadecyl (6-butyrate 0.19 25.1 27.2° Capillary rise 1.0560
T ris-( v6'-amyl )-phosphate 2.7 25.2 Ring pull 1.772
Bis-( \p '-heptvl )-3-methvlglutarate 1.7 25.6 Ring pull 1.6484

VII 1,6-Bis-(v^'-heptoxy i-hexane 1.3 25.8 26 8 Bubble press. 1.5776
1,6-Hexanediol bis-( tp '-lieptanoat e) 1.7 25.9 Ring pull 1.6263
Bis-( '-heptyl )-adipat e 1.7 26.1 Bubble press. 1.6516

II Bis-(v6'-heptyl )-pinate 1.3 26.2 27.6 Capillary rise 1.6009
IV \p'~Undeeyl aeetat e 3.7 21.0 27.4 Estimated

° 10% by wt. of solute. 6 Supercooled to 20° from m.p. of 25°.
go us and \p' derivatives. In fact, of the ^ and </' 
compounds only bis-(Fbutoxy)-bis-(i/'/-heptoxy)- 
silane exhibited a notable surface tension lowering 
action in hexadecane. It is evident that several of 
these soluble fluorinated compounds are able to 
depress the surface tension of hexadecane by from 5 
to 1 0  dynes/cm.; hence they may have future ap­
plication . Tt is noteworthy that bis-(/-butoxy)- 
b is - '-h e  ptoxv)-silane has a lower surface tension 
than tetrakis-(yF-pentoxy)-silane even though the 
latter has the greater fluorine to hydrogen ratio.

Obviously, a useful agent for depressing the sur­
face tension of an organic liquid is one capable of 
giving the maximum possible depression with the 
minimum concentration of solute. An agent hav­
ing a large absolute value of byuvfdc may have little 
usefulness, however, if the solubility is too low to 
allow the adsorbed phase to become saturated with 
the solute. Hence, an agent which is nearly insolu­
ble has little utility. But, if it is too soluble, dyLv/ 
be may be too small in magnitude, and the necessary 
concentration for a significant depression in the 
surface tension may be excessive. Table I shows 
these opposite effects, for at each extreme of solu­
bility, the agents were able to achieve only a small 
fraction of the theoretically maximum possible 
depression—that of the pure solute. In liable II 
will be found comparisons of the largest possible 
and the maximum observed surface tension depres­
sions of the structurally analogous compounds of 
Table I. In the last column is given the ratio,

which may be called the “efficiency”  of surface 
tension depression.

T a b l e  II
E f f e c t  o f  S t r u c t u r e  o n  S u r f a c e  T e n s i o n  D e p r e s s i o n  

a n d  A d s o r p t i v t t y  in  S a t u r a t e d  S o l u t i o n s  in  

n - I lE X  a  d e c a n e

Largest Obsd. 
possible depres- Efli- 
depres- sion eicncy in 
sion in in yi.v  depress-

y i.v , dynes/ ing yi.v,
Solute 17 H dynes/e m. cm. %

Ethyl (¿-butyrate 1.4 11.3 9.4 83
n-Hexyl (¿-butyrate0 0.54 8.4 2.6 31
n-Oetadecyl (¿-butyr- 0.19 2.5 0.4 16

ate°
1,6-Hexanediol bis- 1.2 6.1 2.3 38

((¿-butyrate)
1,10-Decanediol bis- 0.7 4.6 3.6 78

((¿-butyrate)
Bis-(d>'-octyl)-3- 2.5 8.1 3.2 40

methylglutarate
Bis-(<&'-butyl )-3- 1.2 7.1 4.1 58

methylglutarate
^'-Undccyl acetate 3.3 6.6 0.2 3
yt'-Nonyl butyrate 1.6 4.9 1.9 39
Butyl (¿-caprylate 1.4 8.9 7.8 88
“ Due to high solubility in hexadecane, data on yLV given 

for 10% solutions.

In the development of a surface active agent, it is 
usual to study a series of homologs in order to find 
the proper balance in the action of the groups or
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T a b l e  III
E f f e c t  o f  S u r f a c e  T e n s i o n  o f  S o l v e n t  o n  S u r f a c e  A c t i v i t y  o f  D i s s o l v e d  ^ ' - N o n y l  B u t y r a t e

(All data obtained at 20°)

Solvent

7 LV
Surface tension (dynes/cm.) 

of of satd. solvent soin.

Surfacetensiondepression
Ayr.v(dynes/cm.)

Coned, satd. soin.Mole fraction 
Wt. of solute Ars 
% X 102

OyhV
Sc

/ Ö7LV\ 
V àc )

n-Hexadecane 27. 6 25.7 19 5.8 2.6 73 0.28
Hexachlorobutadiene 35.9 24.3 11.0 6.5 3.3 355 3.1
Trichlorobiphenyl 44.7 27.5 17.2 2.1 0.58 2970 17.8

(Arochlor 1242)

radicals contributing to the solubility or insolubility 
of the molecule. In this way one obtains the great­
est- possible surface tension decrease per mole of 
solute. Generally in such a study, the structural 
changes which decrease the solubility increase the 
absorptivity. This point is evident on comparing 
the structurally analogous compounds of Table II. 
Accordingly, in this investigation ^'-undecyl ace­
tate was synthesized on the basis of the results ob­
tained with lU-nonyl butyrate. Although the an­
ticipated decrease in solubility was found, the usu­
ally accompanying increase in absorptivity was not 
found (see Table I). Another interesting example 
is that of 1 ,6 -hexanediol bis-(^-butyrate), which al­
though less soluble than its 1 ,1 0 -deeanediol homo­
log, was not so well adsorbed. The cause in this 
instance is attributed to tendency of such molecules 
to adsorb as U-shaped configurations with both 
fluorocarbon terminal groups striving to remain in 
the air-liquid interface and the hydrocarbon por­
tion of the molecules immersed in the substrate 
liquid. The 1 ,6 -hexanediol derivative is much 
more sterically hindered from adsorbing in this 
manner than its 1 , 1.0 homolog.

Effect of Varying Surface Tension of Organic 
Solvent.—One would expect that the ability of the 
surface active solute to lower the surface tension 
of the organic solvent would be greater the higher 
the surface tension of the solvent because the free 
energy decrease on adsorption of solute would be 
greater. The correctness of this argument is 
shown in Table III on comparing the surface ten­
sions of saturated solutions of \U-nonyl butyrate in 
hexadecane, hexachlorobutadiene and trichlorobi- 
phenyl (Arochlor 1242). It is seen in column 4 that 
the surface tension depression A7 LV is greater the 
higher the surface tension of the solvent. In or­
der to compare A7 LV on an equimolal basis, the 
mole fraction Ns of the solute is given in the 6 th 
column. The average value of dyi/y/dAg for each 
agent over the concentration range 0 to Ars is de­
noted as c>7 Lv/bc, and it can be taken as approxi­
mately equal to A7 fc; this value is given in the 
7th column. Note that dyi/v/de is about 5 times 
greater for the solution in hexachlorobutadiene 
than in v -hexadecane, and it is 40 times greater for 
that in trichlorobiphenvl. Hence a 60% increase 
in the surface tension of the solvent caused a 4000% 
increase in byLy/dc. Upon plotting the logarithm 
of — dyi,v/dc against the difference between the 
surface tension of the liquid solute (7 Sohite) and that 
of the solvent (7*01 vent), a good straight line results. 
Hence

 ̂ — Ö-CXp [i)( ̂ solvent Yaolute) ] (Ü)

This large rise in surface activity is not caused by 
the decrease in solubility of \f/'-nony\ butyrate, be­
cause in going from hexadecane to trichlorobiphenyl 
that property changed only 50%; furthermore, in 
going from hexadecane to hexachlorobutadiene 
there was a rise in solubility.

Surface Tension vs. Concentration and Applica­
tion of the Gibbs Adsorption Relation.— Because of 
these observations a more intensive study was 
made of the surface tension lowering and adsorp- 
tivity of %-nonyl butyrate and 1 ,1 0 -dccancdiolbis- 
(^-butyrate) each dissolved in hexadecane. Sur­
face tension data for these solutions were obtained 
by the differential maximum bubble pressure 
method, and graphs of the results against the solu­
tion concentration are given in Fig. 1 . A notable 
feature of curve A of Fig. 1 is that the curve exhib-

Kig. 1.—Surface tension vs. .solute concentration in n- 
hexadecane; curve A, for i,l0-decanediol bis-(^-butyrate); 
curve 13, for ^'-nonyl butyrate (all data at 20°).

its a constant and negative slope from zero con­
centration to 1 0 % , and then it becomes more nega­
tive as the concentration rises up to saturation at a 
concentration of 1 2 %. This change of curvature at 
high concentrations is opposite to that observed 
with surface active agents in aqueous solutions. 
Curve B is defined by fewer experimental points, 
but the behavior is vorv much the same as satura-
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tion is approached. Both curves of Fig. 1 reveal 
that a given addition of solute produces a greater 
surface tension depression when the solution is 
nearly saturated than when it, is very dilute.

The observed behavior suggests several possible 
mechanisms of adsorption. The behavior near 
saturation could be caused by a change in the 
orientation of the adsorbed polar molecules. 
If this were the case, however, each curve in Fig. 1. 
would be expected to exhibit a much more rapid 
change in slope followed by a gradually decreasing 
slope at high concentrations. Another explana­
tion could be based on the formation and adsorp­
tion of micelles of .solute, but micelles were not 
found when these solutions were examined by the 
sensitive light-scattering methods of Arkin and 
Singleterry.1S The; most reasonable explanation 
is that the adsorbed film comprises a mixture of 
solute and solvent molecules, the behavior between 
concentrations of 1 0 %  and saturation indicating the 
desorption or displacement of solvent molecules 
from the surface phase. Tin; fact that the change 
in slope near saturation is gradual and increases 
with the concentration is explained readily by the 
last mechanism.

A similar study of solutions of (f-butoxy)- 
bis-(i/'/-heptoxy)-silane in n-hexadecane was made 
at 24° using the pendant drop method. Results 
are given in Fig. 2 . Here the surface tension was 
lowered about 2  dynes/cm. by a relatively small 
concentration of solute, and no significant addi­
tional lowering resulted with increased concentra­
tion until approximately 90% of saturation had 
been exceeded. If in the middle concentration 
region of the graph the surface phase had com­
prised a condensed film of adsorbed solute mole­
cules, the surface tension would have been close 
to that of the pure solute (2 1 . 0  dynes/cm.) instead 
of the observed much higher value of 25.6 dynes/ 
cm. Hence, it is concluded that in this region the 
adsorbed phase is either a mixed film of more than 
monolayer thickness comprising both solvent and 
solute molecules or else is a stable mixed monolayer 
of solute and solvent. However, as saturation is 
approached, the solvent molecules are driven out 
of the surface phase.

Results on the surface tension as a function of 
concentration of dissolved ^'-nonyl butyrate in 
hexadecane, hexachlorobutadiene and trichloro- 
biphenyl are given in Table IV. Applying the 
Gibbs adsorption relation (i) using the concentra­
tion instead of activities because the solutions are 
assumed sufficiently dilute, the adsorption excess 
r  was calculated and is given in the 4th column. 
If the adsorbed solute is assumed to be a mono- 
layer, the area per adsorbed solute molecule is 
A = 1 / r ,  and this value is given in the last column 
of Table IV. Graphs of T vs. solute concentration
(c) are given in Fig. 3 for the yF-nonyl butyrate. 
In Fig. 4 is a similar graph for the adsorption of
1 ,1 0 -decanediol di-(^-butyrate) solution in hexa­
decane calculated from ~he data of curve A of 
Fig. 1 . Similar calculations of T vs. concentration
(c) were not made from the data of Fig. 2  because

(18) I.. Arkin nnil ( '.  R. Smüleu-rry, ./. Am . Chnn. Sor.. 70, 80(15 
(1018).

Fig. 2.—Surface tension of bis-(i-l)utoxy)-bis-(^/-iiep- 
toxy)-si)ane dissolved in n-hexadeeanc (all data at 24°).

Fig. 3.—Adsorption excess vs. concentration of ^'-nonyl 
butyrate in various solvents (all data at 20°).

Fig. 4.—Adsorption excess vs. concentration of 1,10-decane­
diol bis-( ¿-butyrate) in n-hexadecane (all data at 20°).

these surface tensions were measured by the 
pendant drop method and (öylv/ c>c) is not known 
precisely enough as a function of concentration to 
deserve an application of the Gibbs relation. 
However, it evidently will lead to an adsorption 
isotherm like the Type IV isotherm of Brunauer, 
Deming and Teller. 10

(19) 13 rummer, L. S. Doming, W. B. I taming mid K. Teller, ibid.,
62, 172B (1940).
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T a b l e  IV
E f f e c t  o f  V a r y i n g  S o l v e n t  o n  S u r f a c e  T e n s i o n  D e p r e s s i o n  a n d  A d s o r p t i o n  o f  ¡//-N o n y l  B u t y r a t e

(All data obtained at 20°)
Solute concn.,

Soln. surface Adsorption 
tension (t-l v ) F X 1010,

(ealed.)
A  X 10IS,

Solvent w t. % (dynes/cm .) g. m oles/cm .2 cm .ym o lec i

n - H e x a d e c a n e 0 2 7 . 6 7 0 0

1 .0 1

2 .4 0

2 7 . 3 8  ] 

2 7 .0 1
! ) 
i 0 . 1 4 ( a v . ) 12 0 0  (

H e x a c h lo r o b u t a d ie n e

5 . 8  ( s a t d .)  

0

2 5 . 6 7  J 

3 5 .9

1 J 

0 0

0 .5 0

1 .0 0

3 4 . 5

3 2 . 5 5 1 . 2 5 13 0

2 .0 0 3 0 .0 2 1 . 7 4 9 4

3 . 0 1 2 8 .1 9 1 .8 6 86

4 .0 1 2 6 .5 9 2 .0 4 7 7

5 . 0 2 2 5 .8 5 2 . 1 5 7 3

(>.02 2 4 .7 9 2 .0 9 7 4

(>.5 ( « l t d .) 2 4 .3 4 2 .0 6 7 5

T r i c h lo r o b ip h e n y l 0 4 4 .6 8 0 0

0 .5 0 3 6 .2 9 1 .9 9 83

A r o c h lo r  ( 1 2 4 2 ) 1 .5 0 2 9 .6 8 2 .6 9 6 2

2 .0 6  ( s a t d .) 2 7 . 4 8 2 .9 3 54

Referring to Fig. 3 and Table IV, it is seen that A 
of ^'-nonyl butyrate has a value of around 1 2 0 0  
A . 2 in hexadecane over most of the concentration 
range except close to the solubility limit; it ap­
proaches a steady maximum of about 74 A . 2 
in hexachlorobutadiene when the solute concentra­
tion is about 80% of the solubility limit; and it 
attains a value of between 60 and 80 A . 2 in tri- 
chlorobiphenyl at 50% of the solubility limit. Using 
the Stuarfc-Briegleb molecular modes, it is found 
that if the molecule of t^'-nonyl butyrate were ad­
sorbed with the nine-carbon fluorocarbon chain in 
the surface and the hydrocarbon chain and ester 
group at right angles but immersed in the liquid 
phase, the surface area required at closest packing 
would be between 69 and 85 A . 2 depending on how 
the area contribution of the hydrocarbon chain 
is calculated. This leads to the conclusion that in 
the upper concentration range of the solutions in 
the solvents of higher surface tension, hexachloro­
butadiene and trichlorobiphenyl, the molecules 
of \p'~nonyl butyrate are adsorbed as a condensed 
monolayer with the highly fluorinated carbon chain 
probably lying in the interface and the rest of the 
molecule immersed in the liquid phase. In 
hexadecane the solute is adsorbed either as a thick 
film comprising both solute and solvent molecules 
or as a gaseous monolayer.

Turning to Fig. 4, A varies from 600-300 A . 2 at
2-3 wt. %  concentration, which corresponds to 
gaseous or uncondensed monolayers, down to 
95 A . 2 at a concentration of 11%. Only when the 
concentration is practically at saturation ( 1 2 % ) 
does A approach 56 A . 2 Thus, as inferred earlier 
from Figs. 1 and 2, we must conclude that this com­
pound adsorbs in hexadecane as a mixed film which 
contains a high proportion of solvent molecules 
except very close to the solubility limit. But it is 
remarkable that at the solubility limit, A is rather 
close to the value for a condensed monolayer.

From the data of Table IV the initial slope 
(d7 Lv/dc)init, of the surface tension vs. concentra­
tion curves for ^'-nonyl butyrate in ^-hexadecane,

hexachlorobutadiene and trichlorobiphenyl were 
calculated to be 0.28, 3.1 and 17.8, respectively. 
A graph of log (c>yLv/dc)imt. against Y s o i v e n t -  

Y s o iu t e  is a straight line. ( y s o i u t e  =  22.7 for \p'- 
nonyl butyrate according to Table I). Hence as 
in equation ii, we can state that

=  oc CXp [,5(-/solvent Taolute) 1 ( 6 - )

Using equation i to replace — dyLv/dc by HTT/C 
we obtain

= jrgji exp [¿¡Solvent "'/solute)) (iv)

This relation is not only useful but is suggestive 
in its statistical mechanical implications. Belton 
and Evans20 have derived theoretically a similar 
relation for a binary liquid system which forms a 
perfect solution. When the mole fraction of solute 
is sufficiently small, their relation can be greacly 
simplified and reduces to

r  = 6, exp - a-------R,r ----------- J (v)

General
An unavoidable conclusion from this investiga­

tion is that where close packed monolayers can be 
obtained only when the concentration is close to 
the solubility limit, the solute molecules must have 
a low average lifetime of adsorption in the inter­
face. When the solute concentration is raised 
sufficiently to force the solute molecules to dis­
place nearly all of the solvent molecules from the 
interface, the probability of collision between 
solute molecules becomes so high that nucleation 
and subsequent crystallization result. This last 
possibility can be made less probable by choosing 
solute molecules having low cohesional energies. 
This could occur through increasing the extent of 
fluorination, through appropriate location of groups 
to decrease association, or through sterically hinder­
ing molecular cohesion or alignment. It is re-

(20) J. W . Belton and M . G . Evans, Trans. Faraday Soc., 41, 
(1945).
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markable that one can work so close to the solu­
bility limit in these surface-chemical systems, and 
future research along such lines on surface activity 
in non-aqueous systems is inviting.

It should be noted that the fluorochemicals 
found most surface active by measurements of 
ylv vs. c and calculation of dY^v/dc (or of V/c) are 
among those found most surface active by Jarvis 
and Zisman21 through observation of the spread- 
ability.

Under the most favorable conditions there may 
be a surface tension lowering Aylv of from 1 0  to 2 0

(21) I.,. Jarvis and W. A. Zisman. This Journal, $3 , 727 (11)59).

dyncs/cm. with some fluorochemicals, and with 
such systems monolayer adsorption of solute may 
occur. This leads to the firm conclusion that 
fluorochemicals can have high surface activity in 
organic solvents. The effect is greatest with sol­
vents of highest surface tension and solutes of 
lowest surface tension. Of course, the arrange­
ment of the fluorine atoms in the molecules is im­
portant. A correct oleophobic-oleophilic balance 
is one of the necessary attributes. It also appears 
that the atomic proportion of fluorine to hydrogen 
in the molecule should not be less than 0 . 5  or more 
than 2 . 0  for best results.

NON-RESONANT MICROWAVE ABSORPTION IN CERTAIN 
HALOGEN SUBSTITUTED METHANES1

By James E. Boggs and Harman C. Agnew

Department of Chemistry and Electrical Engineering Research Laboratory, The University of Texas, Austin, Texas
Received, November 29, 1938

The absorption of microwave radiation of 9400 Me. frequency by CH3C1, CH:,Br, CHFS, CHCLF, CHCIF2, CH2F2, CBr2F2 
and CC12F2 lias been studied over a pressure range from 0.2 to 2 atm. at 26°. Absorption in the first five gases is of the 
typical non-resonant type associated with molecular inversion transitions. CCl2F2 and CBr2F2 show no appreciable absorp­
tion and the absorption by CH2F2 appears to be due to nearby rotational lines.

A number of workers recently have concerned 
themselves with inversion transitions in non-planar 
gaseous molecules, studying the effect by measuring 
non-resonant absorption in the microwave region2 - 6  
or by examining the frequency variation of the di­
electric constant of the gas. 7 - 1 0  For symmetric 
top molecules it has been found possible to calcu­
late the observed intensity and frequency variation 
of the non-resonant microwave absorption from the 
Van Vleck-Weisskopf equation for the pressure­
broadening of a spectral line using the dipole mo­
ment matrix element for inversion and assuming 
the resonant frequency of the inversion to be es­
sentially zero.5 The same model has led to the cal­
culation of the observed difference between the di­
electric constant, of the gas at low frequency and 
that at microwave frequencies. 9 Both procedures 
require the evaluation of the quantity 2 / j k ' wk 1 2 
where/ ) k is the fractional number of molecules oc­
cupying the JK rotational energy level and , mjk i 
is the dipole moment matrix element for inversion. 
This sum has been obtained in closed form only for 
symmetric top molecules so that the quantitative 
treatment has been limited to such substances. Di­
electric constant measurements on gases of lower

(1) T h is work lias been supported b y  Air Force C on tra ct A F  
33 ((>10)-5581.

(2) W. D. Hershberger, A p p l. P h y s . ,  1 7 , 495 (194(5).
(3) J. E. W alter and W . D . Hershberger, ibid ., 17 , 814 (1940).
(4) B. Bleaney and ,T. H. N . Lonbser, Proc. P h ys. Soc. (London), 

A63, 483 (1950).
(5) G . Birnbaum , J. Chem. P hys., 2 7 , 360 (1957).
(<)) Krishnaji and G . P. S rivastava, Phys. Rev., 1 0 9 , 15G0 (1958).
(7) J. E. Boggs, C . M . Crain and J. E. W hiteford, T in s  Jo u r n a l , 

6 1 , 482 (1957).
(8) J. E. Boggs. (5. M . Thom pson and C . M . Crain, ibid., 6 1 , 1025 

(1957).
(9) J. E . Boggs, J. A m . Chem. Soc., SO, 4235 (1958).
(10) J. E . Boggs, J. F5. W hiteford and C . AI. Thom pson, T his 

Journal, 6 3 , 713 (1959).

molecular symmetry, however, have shown that 
for these substances, also, the orientation polari­
zation is lower at 9400 Me. than at low frequency, 
suggesting the same sort of molecular inversion. 10 
Certain non-planar molecules of C2v symmetry 
(CH,Ch, CH,U, CH2Br, and possibly CC12F2) have 
been shown to have the same dielectric constant at 
9400 Me. as at low frequency within experimental 
error. 10

We have now measured microwave absorption in 
CHC12F and CHC1F2, for which dielectric constant 
data have been reported,7 to determine whether or 
not the relationship between the absorption and 
the dielectric dispersion is that which would be pre­
dicted if both were caused solely by molecular inver­
sion. We have also looked for absorption in CII2- 
F2, CBu P2 and OC!2F2 to see whether the absorption 
measurements give any indication of inversion.

Experimental
Two different methods were used to measure the absorp­

tion of microwave energy at 9400 Me. over a pressure range 
from 0.2 to 2 atm. All measurements wore made at 26 ±  
2°. The first method was a fairly direct measurement of 
attenuation in a 100 foot coil of wave guide filled with the 
gas. A TS147/UP U.S. Navy radar test set fed the signal 
through a calibrated attenuator and the sample cell to a 
crystal detector, amplifier and power meter. Tunable 
transitions were used, and the system was tuned fiat looking 
both ways from the sample container. A slotted section 
and tuning screw just before the sample cell allowed the 
voltage standing wave ratio to be monitored and controlled 
at that point. A directional coupler with power meter per­
mitted the incident power to be monitored. In use, the 
sample cell was evacuated, the amplifier adjusted to indicate 
some given power level, the gas introduced to the desired 
pressure, and attenuation removed at the variable attenua­
tor until the original power level was restored. This gave 
the attenuation coefficient of the gas from which the loss 
tangent could be calculated.

With this apparatus the average deviation in the loss 
tangent measurements obtained for a given gas was 2.0%,
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although the absolute accuracy is felt to be considerably 
worse. The attainment of greater accuracy probably was 
prevented by the construction of the sample cell which con­
sisted of a coil made up from eight semi-circular sections 
joined together. Each joint presented a small discontinuity 
to the radiation and produced some reflection of the wave. 
Although the wave was effectively flat before entering the 
sample, the reflections within the sample, which could not 
be tuned out, could interact so as to produce either an addi­
tive or subtractive effect on the apparent loss.

The second method made use of a bridge circuit con­
structed of x-band wave guide. The signal from the TS- 
147/UP test set passed through an attenuator to a magic 
tee which divided the power equally into the two arms of 
the bridge. One arm consisted of a phase shifter, the sample 
cell 1.05 meters in length and a variable attenuator. The 
other arm was similar with a physically identical sample con­
tainer used to make the two arms of the bridge; electrically 
equivalent. The signals from the two arms were summed 
by a second magic tee and fed into a third tee where the sig­
nal was mixed with the output from a local oscillator operat­
ing at a frequency 30 Me. above or below 9400 Me. The 
resultant 30 Me. signal was amplified and displayed as 
power.

To make a measurement, the sample cell was evacuated 
and the bridge was balanced to minimum signal by adjust­
ing the phase shifters and variable attenuators. The bal­
ance was sufficiently precise that the ratio of summed to 
subtracted signals was in excess of 60 db. at all times. The 
sample then was introduced and the bridge rebalanced to 
minimum signal using only the phase shifters, the power 
level of the minimum being noted. The sample cell was 
again evacuated, the bridge was rebalanced to maximum 
power using the phase shifters, and attenuation was intro­
duced with the calibrated attenuator in the TS147/UP 
signal source until the power output of the bridge was re­
duced to the level of the minimum with the sample in tlu; 
sample cell. This attenuation, read in decibels, is equal 
to 20 log [(1 +  e-Oi0 /( l  — where l is the length of
the sample and a is the attenuation coefficient of the gas.

The accuracy obtained by this second method was again 
not as high as had been anticipated. The over-all accuracy 
can only be checked by comparison with measurements by 
other methods that have been reported for certain gases as 
shown below. While neither method of measurement gave 
results of as high accuracy as needed to study the fine details 
of the absorption, the accuracy was sufficient to answer the 
original questions proposed.

Results and Discussion
In order to evaluate the accuracy of the experi­

mental methods, measurements were made on ab­
sorption by CH3C1, CH3B1 and CHF3, for which loss 
tangents at 9400 Me. have been reported by other 
investigators. As shown by Birnbaum, 5 if the loss 
tangent is measured at various gas pressures ind 
if the loss is due entirely to a pressure-broadened 
low-frequency inversion transition, a plot of p2/tan 
<5 against p 2 should give a straight line. The maxi­
mum absorption, (tan 8/p)max, and line broadening 
constant, Av/p, are related to the slope m and the 
intercept c of this line by the equations

(tan 5/p)m»« = (4mc)"7;

Table I shows the observed loss tangent at one at­
mosphere pressure and the values of (tan 8/p)m&x in 
mm . - 1  and Av/p in cm.- 1/mm. for the reference 
gases. Of the various measurements shown, those 
by Birnbaum are probably most accurate.

The remaining gases were studied by the second 
method described above. For CHChF and CHC1- 
F2 the typical non-resonant absorption curve was 
obtained in a plot of p2/tan 5 against p2. The 
curve was linear at the higher pressures with a

T able I
tan ¿aim rian i/i)),n;,.v A v/p
X H)4 X 10' X 1 0 4

OH3CI
Method 1 2.5 4.6 1 . 8
Method 2 3.0 5.2 1 .9
Bleaney and Loubser4 1 . 6
Birnbaum6 2.7 4. S 1.5
Ivrishnaji and Srivastava6 1 . 6
Theoretical* 5.4

OHjBr
Method 2 2.2 3.8 1.3
Bleaney and Loubsor1 1 . 6
Birnbaum* 1.6 3.8 1 .9
Krishnaji and Srivastava* 1 .6
Theoretical* 4.1

CHF,
Method 2  4.2 14.8 0 . 8
Birnbaum* 3.7 16.3 0.7
Theoretical* 18.3

curvature at low pressure caused by the effect of
nearby rotational lines.

The data for CHCkF gave values of (tan S/p)max 
=  6.5 X 10~ 7 mm. - 1  and A v/p =  1.3 X 10- 4  
cm._ 1/mm. If it is assumed that only a low-fre ­
quency inversion transition is responsible for the 
observed loss and also for the dielectric dispersion 
observed by Boggs, Crain and Whiteford,7 the di­
electric constant measurements can be used to cal­
culate a value of 5.7 X 10~ 7 mm. - 1  for (tan 8/ 
p)„,aX. This agreement is as good as can be ex­
pected considering the uncertainty in the dielectric 
constant measurements as well as those in the pres­
ent investigation. The agreement would suggest 
that essentially all of the observed electrical inter­
action is due to the inversion transition and that 
the low-frequency rotational lines are weak enough 
to have little effect.

Absorption measurements also were made on 
CHCII'V For this substance the plot of p2/tan 8 
against p2 was again a straight line as expected, but 
the slope of the line was so small that major uncer­
tainties were introduced into the calculation of (tan 
8/p) max and A v/p from the graph. The published 
dielectric constant data7 would predict a value of 
(tan 8/p)max of 6 . 6  X 10- 7  mm.-1, a value which at 
least is not inconsistent with our loss measure­
ments.

Measurements were also made on CIITh, OBrJri 
and CCI2F2 to check the dielectric constant data 
showing that there was no measurable dispersion in 
these gases. The interpretation of the absorption 
data is complicated by the fact that low-frequency 
rotational transitions can contribute to the loss at 
9400 Me. Thus, a measurement showing no loss is 
significant, while one showing appreciable loss 
would not necessarily be.

Measurements of microwave absorption in CBiv- 
F-2 and CC12F2 showed that there is no measurable 
loss at 9400 Me. Any loss which occurs must 
correspond to a tan 8 of less than 0.2 X 10“ 4 at 1 
atmosphere pressure. Thus, for these two com­
pounds the absorption measurements support the di­
electric constant experiments in showing that low 
frequency radiation cannot produce an inversion
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transition. Wilson11 has shown that this is to be 
expected on the basis oi‘ the selection rules for mole­
cules of Cov symmetry.

For CH2F2 the measurements gave a value of 
tan 5 = 1.3 X 10 ~ 4 at 1 atm. This is an appreciable 
loss, although it is less than that observed for any 
of the other gases. Significantly, the pressure de­
pendence of the loss tangent is different from that 
observed for the other gases, the variation of loss 
tangent with pressure being much smaller. This is 
the type of effect that would be expected if the loss 
were due to a nearby rotational line rather than to 
the non-resonant absorption connected with inver­
sion. The evidence for CH2F2 is not conclusive, 
but it is probable that the observed loss is due to 
nearby rotational transitions rather than to inver­
sion.

(11) E . B . W ilson, Jr., T in s  J o ukmat,, 63, A uk. (1950).

Conclusions
The absorption of microwave energy by CHCbF 

is of the typical non-resonant type, giving a linear 
plot of p2/tan <5 against p2. This, in addition to the 
correlation between the value of (tan <$/??) max calcu­
lated from the absorption data and that computed 
from the dielectric constant measurements, gives 
strong support to the contention that the dielectric 
dispersion in this gas is of the same inversion type 
studied previously in symmetric top molecules. The 
absorption studies correlate also with dielectric 
constant measurements in indicating no measurable 
effects of inversion in molecules of C2v symmetry.

Acknowledgments.—The authors wish to ex­
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DIFFERENTIAL THERMAL ANALYSIS AND HETEROGENEOUS KINETICS: 
THE REACTION OF VITREOUS SILICA WITH HYDROFLUORIC ACID

By Avrom A. Blumberg1
Mellon Institute, Pittsburgh IS, Pennsylvania 

R eceived N ovember 25, 1958

The method of Borchardt and Daniels, using differential thermal analysis to study the kinetics of reactions, has been ex­
tended to solid-liquid heterogeneous reactions. A simple method of determining the necessary thermal constants has been 
suggested. The heat of reaction was determined to be 33 =fc 2 keal. The rate of solution of vitreous silica can be described 
by the rate law dilf/di = — (kae~&E/ttT)S(HF) where the frequency factor k0 is 0.120 ±  0.022 (g. SiCb/sec. cm.2 HF 
molarity), and the activation energy is 9 ±  1 keal.

Introduction
The reaction between vitreous silica and hydro­

fluoric acid2

6HF +  Si02 — > 2H20  +  H2SiF6
will be discussed in more detail in another paper. 
For the present, it is sufficient to know the stoichio­
metric coefficients of hydrofluoric acid and silica 
and something of the equilibria of the acid. Acid- 
fluoride systems are described by the equilibria

HF — -* H+ +  F- Ki (25°) =  7 X  10"4 
HF +  F -  -  HF,- K2 (25°) =  5

where the numerical values are averaged from those 
of several workers. 3 At high acidity it is possible 
to suppress the first reaction and to have virtually 
all the fluoride as the undissociated hydrofluoric 
acid. The work here does not employ hydrofluoric 
acid concentrations greater than 2.5 molal because 
there is evidence of polymer formation at higher 
concentrations. 4

The earliest application cf DTA to the study of 
kinetics is the work of Borchardt and Daniels5 who 
developed the method for single phase liquid sys­
tems and we have used an adaptation of their pro-

(1) Pittsburgh P late Glass C om p any Fellow ship.
(2) N . V. Sidgw ick, “ T h e Chem ical Elem ents and Their C om ­

pounds,”  Vol. I, Oxford U n iversity  Press, Oxford, England, 1950, p. 
015.

(3) Ref. 2, Vol. II. p. 1105.
(4) R . P. B ell, K . N . Bascom be and J. C . M eCoubrey, ./. Chem. Hoc., 

1286 (1950).
(5) H. J. Borchardt and F. D a n i e l s , A m . Chem. S o c .,7 9 ,  41 (1957).

cedure, extending it to the reaction of a solid with a 
liquid phase.

If we have in a bath, at temperature Tb which 
increases with time, two similar containers, one, 
designated by the subscript “ 1 ,”  with a reacting 
mixture, the other, designated by “ 2 ,”  with an 
inert mixture, then in a time interval dt, the tem­
perature changes in the flask are described b}r

Ci (175 = (1H +  Ki (75, -  T )  dt (1)
C2 (175 = K2 (Tb -  75) (1/ (2)

where C\ is the heat capacity, K\ the thermal con­
ductivity, Ti the temperature of each flask, and 
clH is the heat evolved during that time interval. 
By adjustment, we can make C\ = C2 =  C and 
Ki =  / < 5  =  K ; by subtracting equation 2  from 
equation 1 , and defining AT =  75 — 75

dH = C d&T +  K a T di (3)
Integrating of equation 3 between t =  0 and t — 

«5 and defining A as the total area under the A27 
vs. t curve, the total heat of evolution is

All = KA (4)
In the heterogeneous reaction

l L( solution) +  mM( solid) — >■ product
where l and m are the usual stoichiometric coeffi­
cients, we assume the rate of disappearance of 
either solid or soluble reactant to follow a law such 
as
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Fig. 1.—The logarithms of calculated rate constants, as­
suming certain orders of reaction, plotted against reciprocal 
temperature.

Equation 6  may be written
-  dL/dl = k.L*]I/1/.

or
_  ~  dL/dt ( 1 1 )

From the known values of K, C, Lo and w, the stoi­
chiometric coefficients m and l (which are 6  and 
1 , respectively, in the case of silica and hydrofluoric 
acid) and the experimentally determined AT, 
dAT/dt, A and a, the rate constant k may be deter­
mined as a function of x as the only unknown param­
eter, for any temperature for which measurements 
are available. Only for one value of x will a plot of 
log k vs. 1/T produce a straight line, according to 
the Arrhenius law

k = he-AE/Rr
This x is the order of the reaction with respect to 
the soluble reactant. Reaction orders commonly 
encountered are 0, 1 / 2 , 1 , 3/2 and 2 . Such plots 
from one experiment are shown in Fig. 1 . The 
slope of the straight line gives the energy of activa­
tion.

Case II. An Excess of Soluble Reactant.—Here
where L/V is now the concentration of the soluble 
reactant, (L moles in V kg. of water), S is the 
exposed area of the solid, and x is the order with 
respect to the soluble reactant. If we assume that
(a) the mass change of the water is negligible 
during the course of reaction, so V is constant, and
(b) the solid is consumed in a uniform manner with 
no significant change in shape, so

3 -
where M  is the mass of the solid phase, and So 
and M 0 are the initial area and mass, then equation 
5 may be rewritten

k = JAW/* (6 )
The assumption that the glass is attacked uni­

formly, so that the surface varies as the 2/3 power 
of the mass, was judged to be a valid one; micro­
scope examination of powder samples before and 
after considerable attack revealed no changes in 
the general shape of the particles.

Case I. An Excess of Solid Reactant.— Suppose 
we start with L0 moles of soluble reactant and M 0 
grams of solid reactant (whose formula weight is 
w), and suppose further that there is an excess of 
solid reactant, i.e., Mo/mw >  Lo/l. At time t

M =  Mu -  (Lo -  L) (7)

grams of solid reactant remain. Also

-  dL/dt = [K a T +  C dA77(1/] (8)

And

L  =  jI j  [K(A -  a) -  C A T ]  ( 9 )

where a — f  * AT df, is the area under the AT —t 
curve up to time L From equations 7 and 9

M = Mo -  —  f/Ca +  CaT1 0 °)

(1 M/dt = [K a T +  C dAT/dt j (12)A A

M = [ K( A -  a)  -  CAT| (13)

L = Lo -  ( K a . A  CAT) (14)mw KA
Case III. An Excess of Neither Reactant.—Here 

Lo/l =  Mo/mw (lo)
and equations 10 and 13 become identical, as do 
(9) and (14).

Experimental
I. Preparation of the Reaction Flasks and Thermo­

couples.—Both flasks were polyethylene pint bottles with 
tightly fitting screw caps. Thirty gauge copper-constant an 
thermocouples in two concentric polyethylene tubes (0.075" 
and 0.128" o.d.) were passed through the flask walls so that 
the junctions (treated with molten polyethylene to have them 
in contact with and completely surrounded by polyethylene) 
were immersed in the contained liquids. The differential 
thermocouples from the flasks were passed to a microvolt 
amplifier and then the signal to a recorder so that AT = 
Ti — Ti could bn read to 2.56 X 10“ 3. On the same re­
corder the bath temperature, 7'i,, was printed directly to the 
nearest Vs0; this was checked continually by a calibrated 
thermometer read to the nearest 0.1°.

If the bath temperature increases linearly with time
To — m +  nl (16)

equations 1 (with dll =  0, in the case of a suitable inert 
liquid) and (2) have the non-transient solutions

'J\ = vi -f- nt — n Ci/Iii (17)
or

Ti = 7’b +  Ti«« (18)
Here 7Tg is the amount by which each flask temperature 
lags behind the bath temperature, due to the finite heat 
transfer rate from bath to flask. From equation 17

AT = n -  ~ ]  (19)

When the two flasks are not balanced and are in a bath 
whose temperature is defined by equation 16, AT will reach 
a steady value represented by equation 19. \ here Tt> is
non-linear with respect to time t, no steady value will bo 
reached, but the drift will be slow for small coefficients of t2 
and higher terms.
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Although exact matching is not essential since the steady 
value for AT can be taken as the base line {in lieu of AT = 
0) from which AT readings are taken during reaction, K 
values can be adjusted by wrapping waterproof tape around 
the flask with the higher thermal conductivity. Heat ca­
pacities are adjusted by varying the amount oi liquid in 
either flask.

II. Evaluation of the Terms 7Ci and C\.—From equation 
1 in the special case where flask “ I ”  is filled with a suitable 
inert liquid (i.e., dH = 0), and heated to some temperature 
Ti,o > Ti>, then replaced in the bath (at Ti,)> where T-i — 
Tb, Tj will approach Ti> = T> {i.e., AT —► 0) according to 
the relation

In AT = In (7Vo -  T2) -  %  l (20)Cl
Thus from the slope TCi/C'i and the known value Ci, may 
be calculated for the flask.

The nature of C, must be discussed. Both the fluid 
within and the flask itself cool to Ti>. Since the flask has a 
heat capacity, its effect must be considered in the cooling 
(and in the regular reaction). The term K\ includes the 
thermal conductivity of the flask material and also the two 
film coefficients on either side of the flask.6 If the flasks are 
shaken so that the liquids within and without are similarly 
agitated, the temperature will be very nearly the average 
V2 ( T\ +  Tb). As will be apparent, the smaller the specific 
heat of the flask as compared to that of the solution within, 
the less serious is any error arising from the mean-wall tem­
perature assumption. The heat capacity of the wall, C\v, 
will be taken to be that of the flask material alone {i.e., the 
heat capacities of the films are neglected); Cf designates the 
heat capacity of the fluid. Then when the fluid tempera­
ture drops by dTi, the mean-wall temperature drops by 
Va dTu the total loss of heat is

CtdTi +  Cw(‘ / 2d 7\) = C,dT, 
or

C\ = Cf +  7 2(7W (21)
The steps involved in determining K\ and C] are: (a) 

with a suitable fluid in flask “ 1,”  cooling according to 
equation 20, and with C\ defined by equation 21, the slope 
KJC) is obtained and from it the value K, for the flask; 
(b) with the reaction solution in flask “ 1,”  again cooling 
according to equation 21, and with the slope K t/C\ and 
Ki from (a) above, C\ for the reaction solution and flask is 
obtained.

Heat capacities of polyethylene were taken from literature 
values.7 A typical set of curves is shown in Fig. 2. In 
practice the plot of In A7' vs. t can be repeated several times 
by following the cooling on several sensitivities of the re­
cording instrument. Also, K\ and Ci were evaluated both 
before and after each reaction.

This scheme is experimentally quicker and analytically 
simpler than that originally proposed.5 From inspection oi, 
for example, equations 8, 9 and 10 it is apparent that the 
ratio K/C is sufficient to determine both the order of reac­
tion and activation energy. The heat of reaction {vide 
equation 4) depends on K  and in this method ultimately on
C. But the assumptions leading to equation 21 introduce 
errors in K  less than those arising in measuring A.

III. Preparation of Materials.—Powdered vitreous silica 
was prepared by passing Corning fused silica 7940 lump 
cullet (analysis: less than 100 p.p.m. impurities) through 
a jaw crusher and a hammer mill and screening to sort the 
powder in five ranges between 100 and 270 mesh. This 
was followed by repeated washing with aqua regia (to re­
move iron, as indicated by thiocyanate test), and repeated 
set!imentation along a four-foot column of water (to re­
move fines, as indicated by the Tyndall effect and confirmed 
by microscopic examination). Impurities, determined by 
emission spectroscopy, were less than 88 p.p.m. after this 
processing. Surface areas were determined by krypton 
adsorption.

Hydrochloric acid was prepared from reagent grade stock 
and standardized against primary standard sodium carbon-

((>) W. L . Badger and W. L . M cC abe, "E lem ents of Chem ical E ngi­
neering." M cG raw —IIill B ook C o ., Inc.. New Y o rk , N. 5 . ,  19.16, p. 
128-131.

(7) M . Dole, W. P. H ettinger, Jr., N . R . Larson and J. A . W cthing- 
ton, Jr., 7. C iem . J’ ltys., 20, 781 (1952),

Fig. 2.—Evaluation of K\ and Cj from the rate of cooling 
of a warmed flask, according to the equation in AT = 
— K/Cl +  constant.

ate. Hydrofluoric acid was prepared from reagent grade 
stock and standardized against sodium hydroxide solution 
(which, in turn, was standardized against the hydrochloric 
acid). The reaction solution was prepared from these by 
weighing out the proper amounts of each and enough dis­
tilled water to make a total of 300 g. for each run.

IV. Conducting the Reaction.—The flasks were filled 
with equal masses of water, suspended from a wrist action 
shaker, shaken, immersed in and allowed to come to thermal 
equilibrium with the bath at constant temperature T\>. The 
thermal conductivities were adjusted, while 'i\ was in­
creased linearly with time, according to equation 19. Then, 
with Tb constant and near the freezing point, iv( was de­
termined according to the procedure (Ila) of this section. 
Water was replaced with the reaction solution (water-hy­
drochloric- and hydrofluoric acids), and C\ similarly was 
determined (lib ). Finally, with ri\  increasing linearly with 
time, Ci was adjusted to Cj by adding to or removing from 
flask “ 2”  an amount of water calculated by equation 19.

After these adjustments, the bath temperature was low­
ered to about the freezing point and one of two silica samples 
of equal mass (to the nearest milligram) was added to the 
inert flask. After Ti = Ti = rl\ , the other silica sample 
was added to flask “ 1,”  the bath heater was turned on, 
shaking resumed, and both AT and Tt, were recorded.

At the end of the reaction, which here is complete in 
about four hours, the heater was turned off (the bath by this 
time is usually at 30-35°), and K\/C\ determined for the 
spent reaction mixture—flask system at this higher tem­
perature. Then, with water in the flask, 7Cj is obtained.
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T a b l e  I
Data tor the Attack of V itreous Silica by Hydrofluoric Acid, Obtained by DTA

Initial mass of Initial area of In 300 g. of reaction soln. Heat of reaction
Activation

energy Frequency factor
silica 

Mo (g.)
sample 

So (cm.)2 Moles of HE AMI kcftl- 1 Moles of IiCl \ mole Si02/
AE (kcal.) , /

niöle *° V
g. SiO-t

sec. cm.2 HF molarity
20.130 28,000 0.600 1.200 32.14 9.13 0.132
20.015 27,800 .000 1.200 30.29 10.5 .151
20.154 28,000 .000 1.200 35.82 6.82 .110
40.742 38,300 . 000 1.200 34.10 7.28 .132
48.224 39,600 .600 1.200 31.89 8.55 .138
89.399 32,300 .000 1.200 30.63 11.3 . 135
31.435 43,700 .450 0.900 36.10 7.66 .085
30.263 50,400 .450 0.900 36.93 7.22 .081
The K i and C'i used in calculations are the average of the 

low and high temperature values.
The actual reaction temperature at any time can he cal­

culated from Th, A 7’ and
7* lag =  Tt — Tb (18a)

so
Ty = 1\ +  7'lag +  AT (22)

But 7’ ia(! will he negligible for small values of nCt/Kt 
(equation 19).

Results
The data for eight runs are presented in Table I. 

Two different samples of vitreous silica were used, 
140-170 and 200-230 mesh with areas 820 and 1390 
cm.2/g., respectively. The maximum temperature 
difference A T developed during the reaction ranged 
from 0.36° for samples with smaller areas, to 0.67°, 
for those with larger areas. In all runs the assump­
tion of a first-order reaction with respect to hydro­
fluoric acid concentration gave a straight line in the 
log k vs. l/T plot (Fig. 1 ).

Discussion
The method of studying the kinetics of a reac­

tion by differential thermal analysis has been ex­
tended to a heterogeneous system, vitreous silica 
and hydrofluoric acid, by including with the original 
procedure of Borchardt and Daniels the assumption 
that the. surface of a powder sample varies as the 
2/3 power of the mass. In the case of isotropic sub­
stances (which include glasses but not crystalline 
quartz) where the rate of attack is uniform over 
the surface, linear ratios between dimensions can 
be expected to remain fairly constant for spheres, 
cubes and other solids whose surface-to-mass ratio 
is low, but not for rods and plates. The former 
class, which may be designated as pykna (from the 
Greek word for compact) is assumed to include the 
pulverized glass used in these experiments, since 
crushing has the general effect of making non- 
pyknic solids more nearly pyknic. Further, any 
errors arising from this assumption are less sig­

nificant the less the solid is reduced in mass. For 
this reason the experiments here reported all used 
an excess of silica, with only from 12 to 30% of the 
solid consumed at completion of the reaction.

In addition, in order to have temperature differ­
ences large enough to measure with precision, it was 
necessary to use both an excess of silica (to provide 
a large area) and a high concentration of hydro­
fluoric acid. The latter was restricted to no greater 
than 2.5 molal for reasons discussed in the Intro­
duction.

In the temperature range 0-35° the reaction can 
be described satisfactorily by a first-order kinetics 
law, with respect to the hydrofluoric acid concen­
tration

dF = “  (to-AÄ/ÄTWlF)
where the frequency factor

k0 =  0.120 ±  0.022 ( ----------\sec.
and the activation energy

A E =  9 =fc 1 keal.

cm.2 HF molaritv

The activation energy is of a magnitude expected 
either for a diffusion process or a heterogeneous 
reaction, 8 and so no decision can be made between 
these two processes on the basis of this work.

The heat of reaction was determined by this 
method to be 33 ±  2  kcal./mole of Si02. This 
agrees reasonably well with the literature values of 
38 kcal./mole of SiCb. 9
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THERMOCHEMISTRY AND VAPOR PRESSURE OF ALIPHATIC 
FLUOROCARBONS. A COMPARISON OF THE O F  AND C-II 

THERMOC HE All CAL BOND ENERGIES1
By W. T). Good, D. R. R ouslin, I). W. Scott, A nn Georoe, J. L. Lacuna, J. P. Rawson and

( rUY W aDDINOTON
Contribution .'Vo. 78 from the Thermodynamics Laboratory, Petroleum Experiment Station, Bureau of Mines. S. Department

of the Interior, Bartlesville, Oklahoma
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The heat of formation of four organic fluorine compounds, including three completely fluorinated aliphatic compounds, 
was determined by a rotating-bomb method of combustion calorimetry. An earlier technique that used sealed, fused- 
quartz ampoules for containing samples of volatile fluorine compounds was replaced by an improved technique that used 
sealed bags of a polyester film. For three of the compounds vapor pressure measurements were made by an improved method 
of comparative ebulliometry. The following values, in keal. mole-1, are reported for the standard heat of formation, 
&Hf°m \*>> of these compounds from graphite and gaseous fluorine and hydrogen: m-fluorobenzotrifluoride(g), —184.17; 
perfluoromethylcyclohexane(g), —675.3; perfluoroethylcyelohexane(g), —769.7; and perfluoro-n-heptane(g), —789.0. 
These values were used with other thermochemical data to obtain a direct comparison of the O-F and C-H thermocheraical 
bond energies in aliphatic compounds.

Systematic investigations of the thermodynamic 
properties of organic fluorine compounds are in 
progress in this Laboratory. One development of 
this program has been a precise method for deter­
mining the heat of combustion of fluorine-con­
taining substances. 2 This paper reports a modi­
fication of previous techniques to allow combustion 
calorimetry of completely fluorinated compounds, 
such as fluorocarbons. Values of heat of combus­
tion and formation were determined for m-fluoro- 
benzotrifiuoride (m, a ,«, «-tetrafluorotoluene), per­
il uoromethylcyelohexanc [imdecafluoro-(trifhioro- 
methyl)-cyclohexane], perfluoroethyl cyclohexane 
[undecafluoro-(pentafluoroethyl)-cyclohexane] and 
peril uoro-n-heptane (n-hexadecafluoroheptane). 
Measurements of the vapor pressure of all except 
perfluoro-n-heptane were made by an improved 
method of comparative ebulliometry, and values of 
heat of vaporization were computed from the 
results. The values of heat of formation for the 
three fluorocarbons were used with other thermo­
chemical data to obtain a direct comparison of the 
C-H  and C-F thermochemical bond energies.

Experimental
The basic procedures used in this investigation for com­

bustion calorimetry2 and comparative ebulliometry3 have 
been described. Only developments made in this investiga­
tion and procedures peculiar to it will be discussed here.

Combustion Calorimetry
Sample Containers Prepared from Polyester Film.—

Bags of polyester film were employed to introduce samples 
of volatile organic fluorine compounds into the com­
bustion bomb. The selection of containers for volatile 
samples has been a particularly troublesome problem in the 
combustion calorimetry of fluorine compounds. Pre­
viously, fused-quartz ampoules were used for compounds of 
relatively low fluorine content.2 For compounds of high 
fluorine content, like those studied in this investigation, the 
¡■{'action of fused quartz with the hydrofluoric acid in the

(1) T h is research was supported by the United .‘States A ir Force 
through the A ir Force Office of Scientific Research of the A ir Research 
and D evelopm ent Com m and under C on tract N o. CSO-680-57-4. 
Reproduction in whole or in part is perm itted for any purpose of the 
United States Governm ent.

(2) W, D. Good, D. W . S cott and G u y  W addington, T m s  Jo u k n a i., 
60, 1080 (1956).

(3) G . W addington, J. W . K now lton, D. W . S cott, G . D . O liver. 
S. S. Todd, W . N. H ubbard, J. C\ Sm ith anti IT, M . Huffm an, ./. Am. 
Chem. 7 1 , 797 0949).

combustion products would lead to large and uncertain 
thermochemical corrections (even if it, were possible to make 
satisfactory thin-walled ampoules with the 3-ml. capacity 
required for fluorocarbons). As originally disclosed at the 
Calorimetry Conference of 1956, the bags of polyester film 
were devised to avoid the aforementioned difficulties and 
are expected to have numerous applications in combustion 
calorimetry. Therefore, their preparation and use will be 
described in detail.

The polyester film used to make the bags has a low perme­
ability for organic compounds, including highly fluorinated 
materials. Compounds of widely differing properties, such 
as fluorocarbons, m-fluorobenzotrifluoride, benzene, toluene, 
commercial isohexanes, tetrame thy Head and water, were 
sealed successfully in these hags and held for long intervals 
without evidence of swelling of the film or of loss of sample 
by permeation through the film.

Figure t illustrates preparation of a sample sealed in a 
polyester bag. The bag is made from a flat piece of film 
cut as shown in “ a.”  This flat piece is folded and heat- 
sealed to make the empty bag shown in “ b .”  The heat 
sealing is done with a small soldering iron held near, but 
never touching, the edges of the piece, which is held (with 
edges extending approximately Va inch) between metal 
templates. Such a bag may be made without detectable 
change in weight of the film.

The material that the bag is to contain is stored in a 
small, sealed glass vial and, immediately after the vial is 
opened, is transferred to the bag with a hypodermic syringe. 
Air is removed from the bag by applying slight pressure on 
the walls, and the neck of the bag is sealed with a special 
clamp. The gas space is reduced as much as possible to 
minimize errors in reduction of weights to in vacuo and 
errors caused by solution of gases in the liquid. Liquid is 
removed from the neck (outside the clamp) by swabbing it 
with filter paper. After the neck is thoroughly dry, the 
tip is held with tweezers and sealed as in “ c .”  The mass 
of sample is determined by weighing the empty bag and 
then the bag and its contents, after filling and sealing. Be­
cause the film is prone to become electrostatically charged 
during these operations, it is discharged before each weigh­
ing. As the film is slightly hygroscopic, the bag is allowed to 
equilibrate with the atmospheric humidity prevailing in the 
balance ease. After the final weighing the filled bag is 
rolled and placed inside the platinum crucible used in the 
combustion experiment. All of these operations of sample 
preparation are performed with the hands covered by thin 
cotton gloves to protect the film from contamination.

Use of Ihe polyester sample containers simplified the 
comparison experiments2 because it eliminated the “ twin 
ampoules,”  as well as the need for II2SiF6 in the initial bomb 
solution. The reduction of the calorimetric data to stand­
ard states2 also was simplified because the bomb solutions 
were not complicated by the presence of H2SiF6.

Polyester bags were compared with fused-quartz ampoules 
as sample containers in experiments with w-fluorobenzo- 
trifluoride. This compound, empirical formula C7H4F4, has 
as many fluorine atoms as hydrogen atoms in the molecule.
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Fig. 1.—Preparation of polyester sample containers.

It was selected for the comparison as being intermediate in 
its properties between hydrocarbons and fluorocarbons. 
As shown in a later section on Calorimetric. Results (Table 
III), concordant results were obtained with both sample 
containers, but improved precision was obtained with the 
polyester bags.

Calorimetric Procedures.—The calorimeter (laboratory 
designation BMR-2) and bomb (laboratory designation 
Pt-5) have been described.2 Bomb Pt-5, internal volume 
0.353 1., was used in all combustion experiments with ?w- 
fluorobenzotrifluoride, perfluoromethylcyclohexane and per- 
fluoro-w-heptane. Bomb Pt-5 failed during the experiments 
with perfluoroethylcyelohexane and was replaced by a simi­
lar bomb, Pt-3b, internal volume, 0.349 1.

The ignition circuit differed from that used previously. 
A short piece of platinum wire, 0.002 inch diameter, was 
used to ignite a fuse of cotton thread. The energy evolved 
when the wire was connected momentarily across a 20-volt 
transformer was sufficient to fuse the wire. For the com­
bustion experiments with m-fluorohonzotrifluoride, the elec­
trical ignition energy was assumed to be small and constant 
and was included in the energy equivalent of the calorimetric 
system. For the combustion experiments with the fluoro­
carbons, an electronic device was used to measure directly 
the input of electrical energy. The circuit was patterned 
after that described by Pilcher and Sutton.4 Observation 
off significant variations in values of electrical ignition en­
ergy suggests that the accuracy was improved by the direct 
measurement of electrical ignition energy.

The experimental procedures were essentially those de­
scribed for combustion experiments with Teflon.2 Samples 
of the discharge gases, freed from IIF and sometimes re­
duced in oxygen content by scrubbing with sodium pyro- 
gallate, were retained after representative combustion ex­
periments for mass spectrometer scanning. No fluorine- 
containing gases other than CF4 were detected. The bomb 
gas was tested occasionally for carbon monoxide, but none 
was detected.

For the combustion experiments with m-fluorobenzotri- 
fluoride, perfluoromethylcyclohexane and perfluoro-n-hep- 
tane, the bomb was charged with oxygen to an initial pres­
sure of 30 atm. An initial oxygen pressure of 40 atm. was 
necessary in the experiments with perfluoroethylcyelohexane 
to prevent the formation of a “ sooty”  deposit in the bomb. 
Brown resinous deposits remained on the crucible in pre­
liminary experiments with perfiuoroethylcyclohexanone and 
periluoro-n-heptane. However, the formation of resinous 
deposits in experiments with the latter compound was pre­
vented in most experiments by using enough hydrocarbon 
oil as promoter to produce about 30% of the total energy 
of the bomb process. Formation of trace amounts (never 
more than 0.5 mg.) could not be entirely eliminated in the 
experiments with perfluoroethylcyelohexane. Thermo­
chemical corrections for incomplete combustion were ap­
plied on the assumption that the heat of combustion of the 
deposit was 5 =b 5 cal. mg.-1.

Under the conditions of the combustion experiments, the 
fluorine in m-fluorobenzotrifluoride was converted quantita­
tively to HF. In the experiments with the fluorocarbons, 
more than half of the fluorine appeared in the combustion 
products as CF4. The per cent, of fluorine appearing as * 23

Cl) G . Pilcher and L. E . Sutton, Trans. R oy. Soc. (L ondon ), A248,
23 (1955).

CP.j varied from 7(5 to 79% for perfluoromethylcyclohexane, 
73 to 80% for perfluoroethylcyelohexane, and 62 to 64% for 
perfluoro-n-heptane. The proportion of fluorine that ap­
peared as CP4 was a function of the amount of hydrogen 
available in the reactants in auxiliary oil and/or polyester 
film.

Loss in weight of the platinum crucibles, up to 2 mg. per 
experiment, was observed. The loss probably was caused 
by formation of volatile platinum fluorides that later reacted 
with water to form hydrous oxides. The thermochemical 
effect of such a reaction was assumed to be negligible. For 
instance, if the not, reaction was

Pt(c) +  Vc02(g) +  TUO(liq) =  Pt(OH)2(c) (I)
then A # 029s.ic = — 18.9 kcal /and reaction 2 mg. of platinum 
would evolve only 0.2 cal., or loss than 0.003% of the total 
energy of the bomb process.

Comparative Ebulliometry
The comparative ebulliometer system described in Ref. 3 

has been modified by addition of a third ebulliometer to the 
two for containing sample and water. The third ebulliome­
ter contains benzene as a secondary reference substance 
and is used for comparative measurements in the range 
70-145 mm. In this low pressure range, water does not 
boil steadily enough for precise results.

Units of Measurement and Auxiliary Quantities
All data reported are based on the 1951 International 

Atomic Weights63 and fundamental constants6*5 and the 
definitions: 0*C. = 273.16°IC.; 1 cal. =  4.1840 abs. j. 
Measurements of temperature were made with platinum 
resistance thermometers calibrated in terms of the Inter­
national Temperature Scale.60 All electrical and mass 
measurements were referred to standard devices calibrated 
at the National Bureau of Standards.

For use in reducing weights in air to in vacuo, in correcting 
the energy of the actual bomb process to the isothermal bomb 
process and in correcting to standard states, the values in 
Table I were used for density />, specific heat cp, and (bE/ 
bP)r of the various substances. These values were ob­
tained from the literature or, in parentheses, estimated by 
analogy with structurally similar substances.

T a b l e  I
A u x i l i a r y  Q u a n t i t i e s  a t  25°

Op,
p ,  cal. d o g ._1 

g. m l.-1 g.

Polyester film 1.38 0.315
Perfluoromethylcyclohexane 1.788 ( .235) 
Perfluoroethylcyelohexane 1.826 ( .242) 
Perfluoro-n-heptane 1.718 .258
m-Fluorobenzotrifluoride 1.289 ( .289)

Materials
?a-Fluorobenzotr ifluor ide.—m-Fluor oben zotr i flucri de, 

which was supplied by the Illinois State Geological Survey 
Division through the courtesy of Dr. G. C. Finger, was dis­
tilled in an efficient fractionating column by C. J. Thomp­
son and II. J. Coleman of the Chemistry and Refining 
Branch of this Station. The sample was a composite of se­
lected fractions judged to be of highest purity on the basis of 
refractive index determinations and had a purity of 99.91 
db 0.05 mole % as determined by the time-temperature 
freezing point method. The material was dried by passing 
the vapor over freshly activated Molecular Sieve.

Perfluoromethylcyclohexane. — Crude perfluoromethyl­
cyclohexane was supplied by the Minnesota Mining and 
Manufacturing Company through the courtesy of Dr. T. J. 
Brice. This material was first treated with a neutral per­
manganate solution to remove olefinic impurities by oxida­
tion. The olefin-free material was purified by the Chemis­
try and Refining Branch of this Station by physical means.

(5) F . D. Rossini, D . D . Wagivian. W. I f. E vans, S. L evin e and I. 
JafTe, "Selected Values of Chem ical Therm odynam ic Properties,' 
N .B .S . C ircular 500, 1952.

(6) (a) E . W ishers, J. A m . Chem. Hoc.. 74, 2447 (1952); (b) F. D 
Rossini, F . T . G ueker, Jr.. II. I>. Johnston, L. P auling and C-. W . 
V inal, ib id ., 74, 2099 (1952); (c) II. F . Stim son, J. Research X a tl. Bur, 
Standards, 42, 209 (1949),

(d /i /O P )  t ,
cal. atm . ~l

-0.00069 
-  .0066 
-  .0062
-  .0069
-  .0066
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T a b l e  II
S u m m a r y  o r  T y p i c a l  C a l o r i m e t r i c  E x p e r i m e n t s

m-Fluorobenzo- 
trifluoridc (fused quartz)

Jtt-Fluorobenzo- Peril uoro- 
trifluoride met.hyl- (polyester) oyelo hexane

Perftuoro-
ethyl-

cyclohexane Perflnoro-ra-
heptane

Comparison experiments
m( hen zoic acid), g. 1.22632 1.05125 0 98471 1.00652 1.1510!
m(auxiliary oil), g. 
?n(suceinic acid), g. 
m(polyester), g.

0.01728

0.25143
56136 0.52154 0.21750

« ‘(ILO), mole .5241 .5255 4915 . 4924 .5018
n’(HF), mole .03558 .03582 04938 .04926 .06789
rtXILSiF«), mole .000741
AU, deg. 1.97936 2.00383 1 97429 1.97923 1.97789
mAEc°/M{benzoic acid), cal. -7741.7 -6036.5 -6210.4 -6354.1 -7266.2
mAEc°/M(o\\), cal. 
mA#cVM(succinic acid), cal.

-189 .8
-1695.2 -1074.9 -656 .8

wAEc°/M(polyester), cal. -1389.7
mAEc°/M(f\ise), cal. - 5 .9 -6 .3 - 5 .6 -5 .3 -6 .2
— a Es dec. (UNO«), cal. -0 .4 -0 .4 -0 .5 -1 .4 -1 .0
— AE, cor. to st. states, cal. -1 1 .0 -1 1 .5 -1 2 .0 -1 3 .6 — 11.7
“ AjFjgn,, cal. -0 .9 - 0 .8 - 0 .8
S(cont.)(Aic), cal. 26.9 27.2 24.8 26.4 25.3

Sapi>(calor.)( — AL), cal. -7921.9 -8017.2 -7905.8 -7923.7 -7917 4
S«pP(calor.), cal. deg.“ 1 4002.3 4001.0 4001.4 4003.4 4003.0

Combustion experiments
m(compound), g. 1.64081 1.57512 5 75873 5.63880 4.51368
m(auxiliary oil), g. 0.01807 0.22478
m( poly ester), g. (at %  rel. hum.) 0.12062(40) 0 10623(51) 0.12842(32) 0.09992(27;
n\ ILO), moles 0.5523 0.5523 0 5523 0.5523 0.5523
Ate, deg. 1.97217 2.00359 1 96523 1.96897 1.97488
SapP(calor.)( — A/c), cal. -7893. 1 -8016.3 7869.5 -7882.6 -7905.4
S(oont.)( — Aic), cal. -2 7 .7 -2 8 .1 -2 8 .3 -2 9 .9 -2 8 .0
AFign., cal. 0.6 0.7 0.7
AE, cor. to st. states, cal. 11.5 ¡2.1 21.3 24.8 17.1
A£fdec (HNOj), cal. 0.5 0.4 0.3 0.1 0.5
AM.ydrOLSiFe), cal. 27.2
— wAEc°/il/(fuse), cal. 6.0 6.3 5.2 -1.7 6.6
— mAEc°/M(oi\), cal. 198.5 2468.9
—viAEc°/M(polyester), cal. 659.3 580.4 702.2 546.5
Cor. to st. CF4 conversion, cal.a 0.4 72.8 -2 0 .0
Cor. for incomplete combustion, cal -2 .4

mAEc°/M(compound), cal. -7677. ! -7366.3 7289.6 -7109.6 -4913. 1
aEc°/M(compound), cal. g .-1 -4678.8 -4076.7 1265.8 -1260 8 -10S8.5
® Correction to the % of fluorine appearing as CF4 in the combustion products corresponding to eq. IV, V and VI based 

on the value of the heat of hydrolysis of CF4 determined in this Laboratory.2

The method (distillation in an efficient fractionating column 
followed by silica gel percolation of selected fractions of dis­
tilled material) was that developed by Blumkin, Orrick and 
Gibson,7 but the limited amount of starting material did not 
permit purification to the degree achieved by those workers. 
Two samples were used for experimental studies—a “ best”  
sample, hereinafter designated as “ A”  (rii0n 1.2809)) and a 
second sample, designated as “ B ”  (n20d 1.2808«), shown by 
infrared spectra to be significantly less pure. No quantita­
tive value was obtained for the purity of either sample, but 
freezing curves, gas-liquid chromatograms and infrared 
spectra all indicated that the purity of even the “ best”  
sample was only of the order of 98 mole %. The samples 
were dried by passing the vapor over freshly activated 
Molecular Sieve.

Perfluoroethylcyclohexane.—Crude perfluoroethylcy clo-

(7) S. Blumkin. N . 0 . Orrick and D . G ibson, “ Purification and
Some Physical Properties of Undocafhioro-(trifluoroinethyl)-c.vclo-
hexane,” Report No. K-C23. Carbide and Carbon Chem icals D ivi­
sion. Union Carbide and Carbon Corporation, K -25 Laboratory D iv i­
sion. June SO. 1950.

hexane was obtained from the same source and was purified 
by the same methods as perfluoromethylcyclohcxane. Two 
samples were used for experimental studies—a “ best”  
sample, hereinafter designated “ A”  (n20n 1.2884«), and a 
less pure sample, designated “ B ,”  which was a composite 
of fractions having refractive indices n20D between 1.2883« 
and 1.2285«. Gas-liquid partition chromatograms yielded 
purity values of 96 + and 93 + mole % for samples “ A”  and 
“ B ,”  respectively. The samples were dried bv passing 
the vapor over freshly activated Molecular Sieve.

Perfluoro-n-heptane.—The porfluoro-n-heptane used in 
this work was furnished by Carbide arid Carbon Chemicals 
Company, under contract, to the Atomic Energy Commis­
sion, through the courtesy of Karl E. Rapp. Two samples 
of significantly different hut not definitely known purity, 
hereinafter designated as samples “ A”  and “ B ,”  were used. 
Time-temperature freezing point, determinations of purity 
gave values of 99.8 and 99.4 mole %  for samples “ A”  and 
“ B,”  respectively, if the value used for the freezing point, 
for zero impurity Tt° was calculated from the experimental 
curves. However, this value of T *  differed significantly 
from the literature value of the triple point temperature.8 *



1136 G o o d , D o u s l i x , S c o t t , G e o r g e , L a c i x a , D a w s o x  a x d  W a d d i x g t o x Vol. 63

Those observations suggest- that formation of solid solutions 
may have invalidated the freezing-point method of purity 
determination. Sample ‘ 'A ”  showed no impurity band be­
tween 200 and 240 m i n  the ultraviolet spectrum,8 9 and 
sample “ B”  had been treated chemically to remove impuri­
ties responsible for that band. The samples were dried with 
P,Os and by passing the vapor over freshly activated Molecu­
lar Sieve.

Benzoic Acid, Auxiliary Oil and Succinic Acid.—The, ben­
zoic acid was National Bureau of Standards Sample 39g. 
The auxiliary oil and succinic acid were those described in ref.
2. More recent determinations of AEc°/M gave the values 
(with uncertainty interval): auxiliary oil, —10983.7 ± 0 .0  
cal. g."'*; succinic acid, —3019.8 ±  6.4 cal. g .-1.

Polyester Film.—The polyester film, 100 gauge Mylar 
Type A, was purchased from the Film Department of E. 1. 
du Pont de Nemours & Company, Inc. This polyester 
film, empirical formula CioHs0 4, is the condensation product 
of ethylene glycol and terephthalie acid. The amount of 
carbon dioxide obtained by combustion of the film was 
about 99.6% of that expected from the idealized formula. 
Less than 100% is reasonable because the film contains hy­
droxyl end groups, ash and, perhaps, trapped water. The 
film is very slightly hygroscopic. The amount of water it 
absorbs is approximately a linear function of the relative 
humidity, and the total amount absorbed in the change from 
0 to 100% relative humidity is 0.46,% of the weight of the 
particular sample of film used. The heat of combustion 
was determined for samples equilibrated with air of known 
relative humidity. The following equation was used to 
represent AKc°/M of the film as a function of relative 
humidity
AEc°/M = —5476.1 — 0.2524 (relative humidity

expressed in %) cal. g ._1 (II)
Cotton Thread.—The sample of unmercerized cotton 

thread used as fuse material had the empirical formula 
CH1.774O0.8s7- For AKc°/M of the cotton thread, the value 
— 4050 cal. g .-1 was determined.

Calorimetric Results
Calorimetric experiments selected as typical 

of each of the several series are summarized in 
Table II. The symbols of this table are the same 
as those of Ref. 2.

m-Fluorobenzotrifluoride.—Five pairs of satis­
factory combustion and comparison experiments 
were obtained by using fused-quartz ampoules as 
sample containers. Another five pairs of satis­
factory experiments were obtained by using the 
new polyester bag technique. The values obtained 
for AEc°/M, summarized in Table III, refer to the 
reaction
C,H4F4(liq) +  70,(g) +  00H,O(liq) =

7CO,(g) +  4HF-15H,0(liq) (III)
In the series of experiments with fused quartz 
ampoules, the corrections for chemical reaction of 
silica were large, 17 to 29 cal. per experiment. 
Uncertainties in these large quantities probably 
account, for the poorer precision in that series. 
The appropriately weighted average value of AKc°/ 
M  from both series is —4677.6 ±  0.4 cal. g .“ 1.

Fluorocarbons.—The results for all combustion 
experiments with the fluorocarbons are listed in 
Table IV. The values of AEc°/M  refer to the 
equations
Perfluorometliylcvclohcxaiie 
C7F14(liq) +  3.50,(g) +  31.5H,0(liq) =

3HF-10H,O(liq) +  2.75CF4(g) +  4.25CO,(g) (IV)

(8) G. D . O liver and J. W . Grisard, ./. . lw . Chetn. H oc., 78, 1(188 
(1951).

(9) D. G rafstcin, Anal. Chem., 26,523 (15)51): D . X . G lew an d  1.. W. 
Reeves. T in s  Jo u r n a l , 60, 015 (1050).

Peril uoroethylcvclohexane:
C*F,«(liq) + ' 402(g) +  31.5H,0(liq) =

3IIF-l0H,O(liq) +  3.25CF4(g) +  4.75CO,(g) (V) 
Pei'fiuoro-n-heptane:
C7F16(liq) +  3 0 , (g) +  63H,0(liq) =

(>HF-I0H,O(liq) +  2.5CF4(g) +  4.5CO,(g) (VI)

T a b l e  III
??l-FLUO ROBENZOTR IFLUOR IDE: COM PARISO N  OF M E T H O D S

A /A 0/.)/, cal. g. A /icV -l/. cal- K-'
(f used-quartz ampoules) (polyester bags’

— 4675.3 -4677.1
-4681.4 -4578.2
— 4677.7 -4676.7
-4678.2 -4678.6
— 4678.8 -4676.5

001 -4677.4
Std. dc*v. of moan ± 1 .0 ± 0 .4

The foregoing equations correspond closely to the 
stoichiometry of the actual bomb process.

The “A ” samples of the fluorocarbons were of 
the highest purity that was practical to achieve. 
However, the purity fell far short of that usually 
desired for precision combustion calorimetry. To 
test for any effect of impurity, combustion calor­
imetry also was done on the “ B”  samples, which 
were of significantly lower purity. If the impurity 
had been material with a significantly different heat 
of combustion, different values of heat of combus­
tion should have been observed for the samples of 
different purity. Actually, for none of the fluoro­
carbons was there any significant difference in the

T a b l e  IV
C o m p a r i s o n  o f  V a l u e s  o f  A Ec°/M f o r  F l u o r o c a r b o n - 

S a m p l e s  o f  D i f f e r e n t  P u r i t y , in  C a l . G ._1 a t  2 5 °
PerHuoro-

methylcyclo-
hexane

Perfhioro-
ethylcyelo-

hexane
Perlluoro-n-

heptano
“ A” Sample -  12( >5.3 -1200.8 -  1089.1

-  1255.5 -  1261.5 -1087.5
-1255.1 -  1259.3 -1088.2
-  1255.8 -  1259.1 -1088.8
-  1255.1 -  1260.0 -  1088.5

Av. value and
stand, dev. of
mean -  1255.1 it 0.1 -  1260.2 ±  0.4 -  1088.4 db 0.3

“ B" Sample -  1255.0 -1259.9 -1090.1
-1255.8 -1259.8 -1093.4
-1255.2 -  1200.5 -1083.9
-  1255.2 -  1259.2 -  1085.8
—1254.5 -  1258.5 -1085.9 

-  1088.8
Av. value and

stand, dev. of
mean -  1255.5 ± 0.3 ~ 1259.6 ± 0.3 -  1088.3 ± 1.3

Av. value and
stand, dev. of 
mean for all 
e x p l. -  1255,5 ± 0.2 -  1259.9 db 0.3 -  1088.4 ±0.7

observed values of beat of combustion for the two 
samples. This observation suggests that the 
impurity in the samples had a relatively small 
effect on the heat of combustion. Such would 
be the case if the impurities were isomeric or, at 
least, were other fluorocarbons.

Ebulliometric Results
Vapor Pressure.—The vapor pressures of rn- 

fluorobeiizotrifluoride, pcrfluoromethylcvelohex-
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ane and perfluoroethylcyelohexane were deter­
mined by comparative ebulliometry. The “ best”  
or “A”  samples of perfluoromethylcyclohexane and 
perfluoroethylcyelohexane were used. The differ­
ences in the boiling and condensation temperatures 
of the samples at 1 atm. pressure were: m-fluoro- 
benzotrifluoride, 0 .0 0 1 0; perfluoromethylcyclohex­
ane, 0.004°; perfluoroethylcyelohexane, 0.005°. 
These small differences show that whatever im­
purity was in the samples had nearly the same 
volatility as the major component and, therefore, 
had little effect on the observed vapor pressure. 
The results are listed in Table V. The Antoine10 
and Cox11 equations selected to represent these
results are
m-Fluorobenzotrifiuoride:

log p = 7.00795 -  1305.692/(i +  215.766) (VII)
log (p/760) = 4(1 -  373.759/7’) (VIII)

where
jog 4  = 0.864611 -  7.31027 X 10~*T 4- 6.91364 X 10-77’2 
Perfluoromethylcyclohexane: 

log? = 6.82184 -  1132.493/(i +  211.066) (IX ) 
log (p/760) = 4(1 -  349.456/7’) (X )

where
log 4  = 0.907847 -  10.32816 X 10 ~*T +  10.92653 X 10-77’2 
Perfluoroethylcyelohexane:

log p =  6”85194 -  1217.729/'l +  205.674) (XI)
log (p/760) = 4(1 -  374.135/7’ ) (XII)

where
log A =  0.921458 -  10.09293 X 10 ‘7’ +  10.0873 X 10“77’2
In these equations, p is in mrn., t in °C. and T in 
°K. Comparisons of observed and calculated 
vapor pressure for both the Cox and Antoine 
equations are given in Table V. These compari­
sons show that the three-constant Antoine equa­
tions do not represent the observed vapor pressure 
accurately over the wide pressure range, but that 
the four-constant Cox equations do. The normal 
boiling points calculated from the Cox equation 
are: m-fluorobenzotrifluoride, 100.60° (373.76°K.); 
perfluoromethylcyclohexane, 76.30° (349.46°K.); 
and perfluoroethylcyelohexane, 100.98° (374.14° 
K ) .

The vapor pressure of perfluoromethylcyclo­
hexane was measured by Fowler, et al.,1- whose 
results differ by as much as 4%  from the more 
precise data of this research. No vapor pressure 
data for either of the other two compounds have 
been reported.

Heat of Vaporization.—Values of the heat of 
vaporization at 298.16°K. were computed from the 
Cox equations, the exact form of the Clapevron 
equation and estimated values for the second virial 
coefficient. These values of the heat of vaporiza­
tion, listed in Table VI, are strictly the heat of 
vaporization to the real gas, AHvm .K, but are not 
significantly different from the standard heat of 
vaporization, A#?;°298.i6. For perfluoro-ri-heptane, 
Oliver and Grisard’s value,8 also obtained from 
vapor pressure measurements, was accepted.

(10) C . Antoine, Com pì, rend.. 107, 681 (1888).
(11) E . R. C ox. Ind. Eng. C k e m 28, 613 (1936).
(12) R , D . Fow ler, J. M . H am ilton, Jr., J. S. K asper, C . E . W eber, 

W . B. B urloni III  and II. C . Anderson, Ind. Eng. Chcm .. 39, 373 
(1947).

Derived Thermochemical Data
Table VI lists the derived data for all four com­

pounds. The uncertainties listed for AEc° and 
AHc° are the uncertainty intervals equal to twice 
the final “ over-all”  standard deviation. The latter 
includes uncertainties not only in the combustion 
and comparison experiments but also in the values 
of heat of combustion of benzoic acid, auxiliary oil, 
polyester film and succinic acid used in the com­
parison experiments. To compute values of the 
standard heat of formation, values of the heat of 
formation of carbon dioxide, 5 water, 5 hydrofluoric 
acid5 and tetrafluoromethane2 were used.

The value of the heat of formation of perfluoro- 
n-heptane was combined with entropy data from 
ref. 8  and entropy values for C(graphite) 5 and 
F2(g) 13 to calculate values of the standard entropy 
of formation, free energy of formation and log­
arithm of the equilibrium constant of formation.
7C(c, graphite) +  8F2(g) = n-C7F16(liq) or (g) (X III)

Liquid Gas
98-10, kcal, mole-1 -797 .7 -789 .0

4/Sf°298.16, cal. deg.-1 mole-1 -262 .8 -238 .2
AF/°s 98.J6, kcal, mole-1 -719 .3 -717 .9
log K/mSPG 527.2 526.2

Thermochemical Bond Energy Comparison
The values of heat of formation of the three 

fluorocarbons studied in this investigation, of tetra­
fluoromethane, 2 and of structurally similar hydro­
carbons, 14 with values of the heat of atomization 
of hydrogen5 and fluorine, 13 made possible a com­
parison of the C -F  and C-H  thermochemical bond 
energies in aliphatic compounds.

The difference in thermochemical bond energies, 
E(C-F) — /i(C -H ), was derived from the hypo­
thetical reactions
CF.i +  4H = CH., -f- 4F Ai7°2!)s-i6 = 6 1 .7 keal.
»-C tF1g -\- 1611 = «-CtH,, -f- lOF AH0298.10 = 213.1 keal.

<^~F^>CFS +  14H = < /’ H ^ C IV  +  14F
AH02KS.16 = li'i.i keal.

F ^>CF2CF3 +  16H = \  H ^>CH2CH3 +  16F

a7/°2!is«i6 = 19f./ keal.

Since the molecular conformations of reactant and 
product in each of these reactions are the same, the 
heats of reaction depend primarily on the thermo­
chemical bond energy of the ligands created or 
destroyed in the substitution of hydrogen for 
fluorine.

If a represents the difference in bond energies, 
A’(C-F) -  A(C-IT), for the >C F  group relative 
to the >C1I group, b the difference for the >C F 2 
group relative to the >CH 2 group, c the difference 
for the OF;j group relative to the -CIV group and 
d the difference for CFj relative to CIV, then four 
equations may be written for the heats of the four 
reactions

0 3 ) W . H. Evans. T . R . M unson and D . D . W agm an, J . Research 
K ail. Bur. Standards. 56, 147 (1955).

(14) F. I). Rossini, K . S. Pitsser, R . I.. A rn ett, R. M . Braun and G . C. 
Pimentel, “ Selected Values of Physical and Therm odynam ic Proper­
ties of H ydrocarbons and R elated Com pounds,”  Carnegie Press, P itts­
burgh, P a .. 1953.
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T a b l e  V

V a p o r  P r e s s u r e  i n  M m .
m-Fluorobenzotrifluoride Perflu oromethy ley clohexane Perfluoroet hylcy clohexane

R ef.
p(obsd.) — p(calcd.) p(obstL) — pfealed..) pfobsd .) - p (caled.!)

com p.° B .p., Antoine Cox B.p., Antoine Cox B.p., Antoine C ox
B .p., °C . p(obsd.)*> °C . eq. vir eq. V III °C . eq. IX eq. X °C . eq. X I eq. X I I

19.061 71.87 38.098 0 .00 0 .00
21.720 81.64 40.448 +  0.01 - 0 .02 40.834 — ..02 - .01
24.388 92.52 43.210 + .01 - .01 43.570 .00 +  ,.01
27.068 104.63 45.984 .01 .00 46.326 -  ..01 +  •.01
29.757 118.06 48.764 + .02 + .02 49.086 + .02 +  ■.03
32.460 132.95 51.560 .00 + .01 51.864 +  ,.03 +  ■.04
35.174 \
60.000 I 149.41 54.372 - .05 -  . 03 32.618 -0 .0 2 - 0 . 01 54.667 -  .04 -  ..03

65 187.57 60.008 - .06 - .03 37.909 - .01. — .01 60.275 + .01 .00
70 233.72 65.684 - . 05 -  ..02 43.247 + .01 00 65.941 +  ■.03 .00
75 289.13 71.398 .00 + .01 48.634 + .03 00 71.653 +  ■.06 +  •01
80 355.22 77.155 + .03 + .02 54.069 + .04 00 77.418 + .07 +  ■.01
85 433.56 82.954 + .06 + .03 59.551 + .08 +  ■02 83.233 + .06 -  ..01
90 525.36 88.794 + .07 + .02 65.084 + .06 00 89.099 +  ■.01 - 04
95 633.99 94.675 + .09 + .03 70.665 + .03 .00 95.011 .00 .00

100 760.00 100.598 + .08 + .02 76.296 - .03 00 100.975 — ..07 .00
105 906.06 106.563 + .04 -  ..01 81.975 — 1.0 +  •01 106.990 -  .,20 -  ..03
no 1074.6 112.569 .0 .0 87.703 - .1 +  •1 113.055 - .3 .0
115 1268.0 118.615 - .1 - . 1 93.481 - .3 0 119.166 - .4 .0
120 1489.1 124.703 - 2 - .1 99.305 - 2 0 125.326 - 2 .0
125 1740.8 130.830 .0 .0 105.176 + .1 0 131.532 + .2 + .1
130 2026.0 136.996 + .1 .0 111.094 + .5 0 137.786 + .8 .0

° The reference compound from 71.87 to 149.41 mm. was pure benzene and that from 149.41 to 202C.0 mm. was pure 
water. 6 From vapor pressure data for benzene [“Selected Values of Physical and Thermodynamic Properties of Hydro­
carbons and Related Substances” by American Petroleum Institute Research Project 44, Carnegie Press, Pittsburgh, Pa., 
Table 21k] and for water [N. S. Osborne, H. F. Stimson and D. C. Ginnings, J. Research Nall. Bur. Standards, 23, 261 
(1939)].

T a b l e  VI
D e r i v e d  D a t a  a t  298.16°K., K c a l . M o l e ~ ‘

ftt-Fluorobenzo- Perfluorom ethyl- 
trifiuoride evclohexane 

State H F-löIbO *1 H F-lO H tO “

Perfluoroethyl-
cvelohexanc
HF-lOmO®

Perfluoro-n- 
heptane 

H F -10 16 0 °

A  Ec° Liquid —767.61 +  0.14 —443 01 +  0.11 —504.05 ±  0.23 -422.38 ±  0
A  He0 Liquid -767.61 +  0.14 -440.94 +  0.11 -501.68 ±  0.23 -420.01 ±  0
AHf° Liquid —193. 2 4  — 683.4 — 778.9 -797 .7
A Hv° 9.07 ±  0.05 8.11 ±  0.05 9.20 ±  0.05 8.686
A  Hf°
a Concentration of HF

Gas -184.17 —675.3 
to which A  Be0 and Allc° apply, eq. I l l—VI.

-769 .7 -789 .0

4 d =  67.7 keal. a +  10/) +  3c = 173.7 keal.
10b +  6c = 213.1 keal. a +  12b -j- 3c = 197.7 keal.
The solution of these equations is: a =  7.2 keal., 
b =  12.0 keal., c =  15.5 keal. and d =  16.9 keal. 
The increase in E (C -F) — ii(C -H ) is much greater 
than any structural variation in the carbon- 
hydrogen bond energy, j?(C-H), and therefore 
represents a real increase in the carbon-fluorine 
bond energy, E(C-F),  as more fluorine atoms are 
bonded to the same carbon atom. Resonance with 
structures of the type

F -

which is associated with the decrease in the C-F 
bond distance when more than one fluorine atom is 
bonded to the same carbon atom , 15 is probably also 
associated with the increase in the C -F  bond 
energy.

The values given for E(C -F) — L(C -H ) may be 
used to estimate the heat of formation of any 
aliphatic fluorocarbon if the heat of formation of the 
corresponding hydrocarbon is known.

(15) L . Pauling, ‘ ‘T h e N ature of the Chem ical B o n d ," Cornell U ni­
versity Press, Ithaca, N . Y . , 1945, p . 1235.

R—C = F  +
I

R
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Combustion calorimetry of tetramethyllead was done by a rotating-bomb method. The experiments gave for the reac­
tion (CHj)4Pb(liq) +  2HN03iin 40 H20 ) +  7.5 0 2(g) = Pb(NO?)2(c) +  7  H20(liq) +  4 C02(g) the value A # 0298.,6 = — 8 8 6 .8  
±  0.3 kcal. The heat of vaporization was calculated from the results of vapor pressure measurements. Derived values for 
the heat of formation from graphite, hydrogen gas and lead metal, Atf/°298.16, are 23.5 kcal. mole-1 for the liquid and 32.6 
kcal. mole 1 for the gas.

Studies of the thermodynamic properties of 
tetramethyllead were made in this Laboratory as an 
outgrowth of earlier investigations of tetraethyl­
lead. 1 Lippincott and Tobin have determined 
the heat of formation of tetramethyllead by the 
standard method of combustion calorimetry, 2 but 
their result is inconsistent with the more recent 
value for tetraethyllead. The standard techniques 
used by Lippincott and Tobin are not satisfactory 
for studies of organic lead compounds because the 
products of combustion include a complex mixture 
of solid inorganic compounds that is difficult to 
define either chemically or thermodynamically. 
As shown in the study of tetraethyllead, the rotat­
ing-bomb method of combustion calorimetry1-3.4 
provides a means for surmounting this difficulty. 
In the rotating-bomb method, a solution is used 
to dissolve the solid products of combustion and 
produce an easily defined final state for the com­
bustion reaction.

This paper reports experimental values of the 
heat of combustion and vapor pressure of tetra­
methyllead and derived values of the heat of for­
mation, heat of vaporization and other thermo­
dynamic properties at 298.16°K.

Experimental
The principal features of the experimental method used 

for combustion calorimetry were: (a) the combustion re­
action took place in a fused-quartz crucible that was rela­
tively inert to the hot lead oxides produced; (b) a solution 
of nitric and arsenious acids was used in the bomb to convert 
all lead in the combustion products to Pb++ ion; and (c) 
suitable comparison experiments were used to refer the com­
bustion reaction to solid Pb(NOj)2 as a product and to 
minimize errors in reduction of the data to standard states. 
Vapor pressure measurements were made by a static method 
described in a previous publication from this Laboratory.5

Procedure for Combustion Calorimetry of Tetramethyl­
lead.—The use of unsealed, fused-quartz ampoules to con­
tain samples, as was done with tetraethyllead,1 was unsatis­
factory with tetramethyllead. In exploratory experiments 
such ampoules were filled with enough tetramethyllead to 
give both 1 and 2° temperature increments within the cal­
orimeter. The ampoules were placed in thin, fused-quartz 
crucibles with a kindler of auxiliary oil, as were the ampoules 
of tetraethyllead. Regardless of the sample size, oxygen

(1) D . W . Scott, W . D . Good and G u y W addington, T in s  J o u r n a l , 
60, 1000 (1050).

(2) E . R . L ippincott and M . C . T obin , J . A m . Chem. Soc., 75, 4141 
(1953).

(3) W . N. H ubbard, C . K a tz  and G u y  W addington, T his J o u r n a l , 
5 8 , 142 (1954).

(4) W . D. Good, D . W . Scott and G u y W adoington, ib id ., 60, 1080
(1956).

(5) G . W addington, .1. W . K now lton, F). W . S cott, G . D. Oliver, 
S. S. Todd, W . N . H ubbard, J . C . Sm ith and H . M . Huffm an, J . A m .
Chem. Soc., 7 1 , 797 (1949).

pressure or mass of kindling material used outside the am­
poule, the sample detonated violently within the bomb to 
produce audible noises, copious amounts of carbon, and 
mangled electrodes and internal fittings. Use of sealed 
polyester bags6 as sample containers also failed to give com­
plete combustion.

Detonation of tetramethyllead—the most likely cause of 
incomplete combustion—was eliminated by diluting the 
sample with auxiliary oil and sealing the solution in a poly­
ester bag. Smooth combustion reactions occurred with 
solutions of tetramethyllead ar.d auxiliary oil in such pro­
portion that tetramethyllead evolved about half the total 
energy of the reaction. Use of significantly higher propor­
tions of tetramethyllead gave incomplete combustion.

The auxiliary oil was placed inside a previously weighed 
polyester bag with a hypodermic syringe. The bag and 
its contents were reweighed to obtain the weight of auxiliary 
oil by difference. Tetramethyllead then was placed inside 
the bag with a hypodermic syringe. Care had to be ex­
ercised that neither the auxiliary oil nor the tetramethyllead 
touched the neck of the bag. Finally, most of the air was 
removed from the bag by pressure on its walls, and the neck 
of the bag was clamped and sealed. This procedure dif­
fered from that previously described,6 because no material 
could be removed from the bag after the auxiliary oil and 
tetramethylead had been mixed. The sealed bag w a s  
weighed to obtain the mass of tetramethyllead by difference. 
The bag was rolled and placed inside a thin, fused-quartz 
crucible for the combustion experiment.

Heat of Solution of Auxiliary Oil and Tetramethyllead.— 
To refer the combustion reaction to pure tetramethyllead 
instead of a solution in auxiliary oil, it was necessary to 
know the heat of solution of tetramethyllead in the" oil. 
The availability of the rotating-bomb calorimeter made pos­
sible a simple determination of the heat of solution. A 
small vessel, made vapor tight by means of a Teflon gasket, 
was constructed of brass as shown in Fig. 1. Auxiliary oil 
was placed in the inner chamber of the vessel and tetrameth­
yllead in the outer chamber in the same ratios by weight as 
employed in the combustion experiments. The smooth lip 
of the inner chamber was covered by a small, smooth-sur­
faced brass plate. The vapor space above the liquids was 
small so that the heat effect from change in the amount of 
vapor when the liquids were mixed was negligible. The 
mixing vessel was placed inside the combustion bomb, and 
the bomb was placed inside the calorimeter as for an ordinary 
combustion experiment, except that the bomb was not in­
verted. The calorimeter was heated to an initial tempera­
ture slightly lower than the temperature of the isothermal 
jacket (25°). Time-temperature observations were made 
for an initial period, and rotation of the bomb was begun. 
When the bomb turned, the contents of the two chambers 
were mixed. The accompanying heat effect was observed 
by time-temperature measurements, which were continued 
until a steady rate of temperature change was obtained 
again. The heat of solution of the tetramethyllead and 
auxiliary oil was calculated from the known energy equivalent 
of the system. The solution cf tetramethyllead in auxiliary 
oil, in the concentration used for the combustion experi­
ments, about 19 wt. % oil, was found to be accompanied by 
the absorption of 0 .165 cal./g. of tetramethyllead.

(6) W . D . Good, D . R. Doiislin, D . W . Scott, Ann George, J. L. 
Lacina, J. P. Dawson and G u y  W addington, T h is  J o u r n a l , 63, 1 133 
(1959).
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Fig. 1.— Heat of solution vessel.

Comparison Experiments.—The comparison experiments 
were similar to those used for tetraethyllead. The only 
significant difference was that the amount of auxiliary oil 
was chosen to give the same amount of carbon dioxide as in 
the combustion experiments, rather than the same evolution 
of energy. For this reason, the temperature increments 
were about 1.75° for the comparison experiments and 
2.00° for tin; combustion experiments. Because the 
amounts of carbon dioxide were the same, the important 
corrections for solution of carbon dioxide in the bomb solu­
tions should cancel almost exactly between combustion and 
c ompari son experiments.

Calibration Experiments.'—To ascertain that use of dif­
ferent temperature increments did not introduce systematic 
errors, ordinary calibration experiments with benzoic acid 
also were done concurrently using samples of such size that 
both 1.75 and 2.00° temperature increments were obtained. 
To emphasize that the use of both 1.75 and 2.00° tempera­
ture increments did not introduce errors, the values ob­
tained for £ (calor.), the energy equivalent of the calori­
metric system, are given below. Values marked with an 
asterisk were measured with 1.75° increments, and the others 
were obtained with the ordinary 2.00° increments.

4057.29, 4057.72*, 4057.27, 4057.27*, 4057.07, 4057.83*
Average, value and standard deviation of the mean = 

4057.51 ±  0.11 cal. deg.-1.
Calorimeter and Bomb, Initial Solution and Other Proce­

dures.—Except for slight modifications, the calorimeter 
(BMR-2), bomb (B57I) and auxiliary equipment used were 
as described in earlier publications.M-o The initial bomb 
solution -50 ml. of a solution containing about 8.0 wt. %  
nitric acid and 0.15 wt. % arsenious acid—was similar to 
that, used for tetraethyllead. The thermochemical correc­
tions applied for oxidation of arsenious acid were in the 
range 9-13 cal. per combustion experiment. In all experi­
ments the bomb was charged with oxygen to an initial pres­
sure of 30 atmospheres. Oilier experimental and computa­
tional procedures were the same as those used for tetraethyl­
lead .

Materials
Tetramethyllead. -Two samples of tetramethyllead were 

used, both contributed by the Ethyl Corporation through 
the courtesy of O- W. Thomson. The sample used for 
combustion calorimetry had been purified by three fractional 
crystallizations by a zone-melting method. Ordinary ana­
lytical methods and vapor chromatography failed to detect 
any impurity, so the purity was estimated conservatively to 
be 99.95 mole %. A less-pure sample was used for studies 
of vapor pressure, which were made before the high-purity 
sample was available. The purity of this sample was de­
termined by calorimetric melting point studies to be, at 
most, 99.6 mole %.

Benzoic Acid, Auxiliary Oil, Polyester Film, Lead Ni­
trate and Oxygen.—The benzoic acid (National Bureau of

Standards Sample 39g), auxiliary oil, polyester film, lead 
nitrate and oxygen have been described.1-6

Results
Units of Measurements and Auxiliary Quanti­

ties.—The results are expressed in terms of the 
thermochemical calorie equal to 4.1840 abs. j. and 
the 1951 International Atomic Weights7a and fun­
damental physical constants.7'3 Temperatures 
measured on the International Temperature Scale8 
by platinum resistance thermometry were converted 
to absolute temperatures by the relation 0 ° =  
273.16°K. Values of physical properties of tetra­
methyllead used in the data reduction, all for 25°, 
are density, 1.979 g. ml.-1; specific heat, 0.181 
cal. g . - 1  deg.-1; and (dE/dP)t, —0.0044 cal. 
atm . - 1  g .-1. The value of Bjellerup, et al.,9 for 
the heat of oxidation of arsenious oxide to arsenic 
acid in aqueous solution was accepted. 10

The Heat of Combustion of Tetramethyllead.— 
Six satisfactory combustion experiments were ob-

T a b l e  r

T y p i c a l  P a i r  o f  C o m b u s t i o n  a n d  C o m p a r i s o n  E x p e r i ­

m e n t s  w i t h  T e t r a m e t h y l l e a d

Combustion
Com-

parisonexperi­
experiment ment

m(tetramethyllead), g. 1.31697
m(auxiliary oil), g. 0.31502 0.65992
m(polyester), g. (at % rel. hum.) 0.09605(39)
m[Pb(N03)2l, g. 1.63304
•T(H20), mole 2.6432 2.6563
T(H N 03), mole 0.07144 0.06158
»■'(As20 3), mole 0.000379 0.000379
A4, deg. 2.03364 1.76428
8(calor.)( — A4), cal. -8251.5 -7158.6
£(oont.)( — Ale), cal. -102.9 -9 0 .7
AE ¡j;n, cal. 0.5 0.6
AE, cor. to st. states, cal. 19.5 20.3
AJ5fSoin (Si()2), cal. - 0 .5
A/i'soin (PbSiOs), cal. - 0 .2
AEdec (A sA ), cal. 9.3 - 0 .2
— mAEc°/A/(fuse), cal. 7.1 4.5
— wAEc%b/(oil), cal. 3460.1 7248.4
— mAEc°/M(pofyester), cal. 525.0
AEsoin-/ cal. 0.2

- - - • ......... •-- -—------
w,AEc<>/M(telramet,liyllead), cal. -4333.4
sEc°/M(tetramethyllead), cal. 

g--1 -  3290.4
AEc°(tetramethyllead), keal. 

mole-1 -879 .6
nt.&E°/M[Pb(N03)2), cal. 24.3
AE°/M[Pb(NOjh), cal. gu ' 14.9
AE°(Pii(N0 3)2], keal. mol«“ ' 4.9

” The symbols of this table arc the same as those used in 
ref. 1. h Ignition energy was measured directly by a method 
described in ref. 6. c A / i '3„ i„. is the thermochemical cor­
rection for the solution of tetramethyllead in auxiliary oil.

17) (a> K. W ickers. .1 m. C'hem. Hoc.. 74, 2447 (1952); (b) F. D.
Rossini, K. T . (tucker, Jr., II. L. Johnston, L . Pauling and G . W . 
Vinal, ibid ., 74, 2699 (1952).

(8) II. F. Stimson, J. Research S a il, B ur. Standards. 42, 209 (1949).
(9) L . Bjellerup, S. Sunncr and I, W adso, Acta Chem. Scand., 1 1 , 

1761 (1957).
(10) Use of the same value in reduction of the data for tetraethyllead 

yields a revised value of A/f/̂ es-icOic)) = +12.7 keal. mole'1, 0.1 keal. 
mole'1 lower than the value previously reported.'
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tained in ten attempts. Results of four experi­
ments were rejected because “ soot’ ' was formed or 
small amounts of inorganic lead compounds failed 
to dissolve. Results of a typical combustion ex­
periment with tetramethyilead and the corre­
sponding comparison experiment are summarized 
in Table I.

If the presence of small concentrations of As20 3 
and As20 5 in the bomb solutions is neglected, the 
values of AEc° (tetramethyilead) and of — AE° 
[Pb(N03)2] in Table I refer to equations I and II 
below. Equations III and IV represent two small 
dilution corrections, one to correct for differences in 
concentration of the initial bomb solutions and one 
to refer each experiment to the same initial con­
centration of nitric acid, H N 03 (in 40 H20).
(CH,)4Pb(liq) +  14.50HNO3-536.6H2O(liq) +  7.502(g) +  

4.7H20(liq) = Pb(NO,)i-12.50HNOr548.3HsO(liq) +
4CO*(g) (I)

a A °29s-i6 =  — 8 /9 . 6  k cal.

Pn ( X Os )2 • 12.50 H X 0 3 •548-3B 20( 1 i q ) = (II)
Pb(N03)2(e) +  12.50HNO,-538.8H2O(liq) +
9.5H20(liq)

A.È ° 2*)3.jo =  — 4 .9  k cal.

12.50HNO3-538.8H2O(Iiq) = (III)
12.50H X 03 -462.6H20( 1 iq ) +  76.2H,0(liq)

A jK °2<jg. ] 5  — — 0 .1  kcal.

2HX03-80H2()(liq) = (IV)
2HN0j-74H20(liq) +  6H20(liq)

A A  02»s-i# =  0 .0  k cal.

The sum of equations I through IV is 
(CH3)4Pb(liq) +  2HN03(in 40H2(>) +  7.5G2(g) = (V)

Pb(N03)2(c) +  7H20(liq) +  4C02(g)
A £ ,02s3. h, =  — 8 8 4 .6  k ca l.

The results of all six pairs of combustion and com­
parison experiments are given in Table II. The 
value of A //°29ij.i6 (eq. V) in Table II is the direct 
result of the calorimetric studies; aside from small 
thermochemical corrections, this value depends 
only on calorimetric experiments done in this 
Laboratory and the certificate value of the heat of 
combustion of the benzoic acid used for calibration.

Vapor Pressure and Heat of Vaporization.—The 
results of the vapor pressure measurements are 
listed in Table III. The first series of pressures 
was observed with Vs the original material dis­
tilled out of the sample container; the second series 
was observed with an additional 3/s distilled out so 
that only Vs remained. The somewhat lower 
values of vapor pressure observed in the second 
series indicate that the sample contained a small 
amount of impurity of different volatility.

The following Antoine equation was selected to 
represent the vapor pressure data. The units are 
p in mm. and t in °C.

]ogl0p = 6.93767 -  1335.317/0 +  219.084) (VI)

The difference between the observed values and 
those calculated from eq. VI are included in Table
III.

The heat of vaporization at saturation pressure, 
A//y298'i6, was calculated to be 9075 cal. mole“ 1 
by use of eq. VI, the exact form of the Olapcyron 
equation, and an estimated value of —2.8 1. for the 
second virial coefficient, V — RT/P. The fore-

T a b l e  II
S u m m a r y  o f  C a l o r i m e t r i c  E x p e r i m e n t s  w i t h  T e t r a -

METIIYLLEAD

A A'c “ (T etra­
methyilead) A E °[P b (N O j): 

(eq. I), (eq. II), 
kcal. mole 1 kcal. mole 1

Dilution
] correction AA’°s»s.io 

(eq. I l l ,  IV ), (eq, V), 
kcal. m o le "1 kcal. m o le "1

-879 .9  -  5.2 -0 .1 >oQO001

-879 .5  - 4 .9 — . i -884 .5

1 00 to oc 1 ■4~ 00 -  .1 -884 .7
-880 .3  -5 .0 -  .1 -885 .4
-879 .6  - 4 .9 -  .1 -884 .6
-879 .5  -5 .0 -  .1 -884 .6

A E 'W i6(eq. V), mean -884. 8 kcal. mole-1
A//°29s-ir,(eq. V) — 886.9 kcal. mole-1
Stand, dev. of the mean ± 0 . lg kcal. mole-
Uncertainty interval ± 0 . 3 kcal. mole-1

t, “C. 1st
jj(obsd.), mm. 2nd Mean

p(mean) — p(calcd), mm.
0.00 7.02 6.97 7.00 +0.04

15.00 17.12 17.06 17.09 -  .02
20.00 22.55 22.50 22.52 .00
25.00 29.34 29.24 29.29 -  .02
30.00 37.78 37.65 37.72 -  .02
35.00 48.19 48.04 48.12 +  .01
40.00 60.91 60.65 60 78 + .01
45.00 76.20 75.93 70.06 -  .02
50.00 94.68 94.34 94.51 +  .06
55.00 116.45 116.14 116.30 -  .04
60.00 142.46 142.03 142.24 .00

going value: differ:s from the staudartl heat of
vaporization, A HP5298-i6, by an amount less than
the experimental uncertainty.

Derived Results.—The values in Circular 50011 
for the standard heat of formation of HXOs (in 
40 H20), Pb(N 03)2(c), II20  (liq) and C()2(g) were 
used with the values determined for A //° 298.i6 (eq. 
V) and the heat of vaporization of tetramethyilead 
to calculate values of the heat of formation of tetra­
methyilead in the liquid and gaseous states. An 
unpublished value obtained in this Laboratory 
for the entropy of liquid tetramethyilead at 298.16°
K., iSsatd* =  76.48 ±  0.20 cal. deg.-1 mole- ’ , was 
used to calculate the entropy of the ideal gas at 1 
atm. pressure, as shown in Table IV. These values 
of the entropy of tetramethyilead were used with 
entropy values from Circular 500u for C (graphite), 
H2(g) and Pb(c) to compute values of the standard 
entropy of formation, free energy of formation and 
logarithm of the equilibrium constant of formation. 
The derived thermodynamic properties are listed 
in Table V.

Comparison with Previous Work.—The value 
reported by Lippincott and Tobin2 for A ///°298.i6 
(g) of tetramethyilead, 3.2 ±  3 kcal. mole-1, is in 
very poor agreement with the more accurate value 
of this research, 32.6 kcal. mole-1. Before the 
development of rotating-bomb calorimetry, a 
method similar to that of Lippincott and Tobin was 
used in this Laboratory in an unpublished study of 
tetraethyllead. The early result for tetraethyllead

(11) F. D . Rossini, D . 1). W.igimin, W. II. E van s, S. L evine and I. 
Jaffe, “ Selected Values of Chem ical Therm odynam ic Properties,”
X .B .S . Circular 500. 1952.
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T able IV
T he Molai. Entropy of Tetramethyllead in Cal. Deo. “ 1 

at 298.16°K.
*SsaUl(liC|)
Vaporization, A H v/T  
S(ideal) — iS(real), estimated 
Compression, R ln P

76.48 ± 0 .2 0  
30.44 
0.03 

-0 .4 7

S° (ideal gas at 1 atm.) 100.48 ±  0.20

T able V
T hermodynamic Properties at 298.16°K.

4C(o, graphite) +  6H2(g) +  Pb(c) =  (CH3)4Pb (liq or g)
Liquid G as

A H f°298-16, k c a l ,  m o l e - 1 +  2 3 .5 +  32 . 0
A S f°  29&.16, c a l .  d e g . - 1  m o l e - 1 - 1 3 1  .7 -  107. 7
A F f°i  98-U, k c a l ,  m o l e - 1 +  6 2 ,8 +  64 ..7
D i g  /v/298.16 - 4 6 . 0 - 4 7 4

differed from the reliable one found subsequently 
by the rotating-bomb method by 39 keal. mole-1, 
but in the opposite direction from the difference 
found for tetramethyllead.

The Pb-C Thermochemical Bond Energy and 
Bond Dissociation Energy.—The Pb-C tbermo- 
ehomical bond energy was calculated from the 
heat-of-formation values of both tetramothylload

(Table V) and tetraethyllead (ref. 1). The heat 
of vaporization of tetraethyllead AHv°98-i6 was esti­
mated to be 13 keal. mole-1, the values of heat of 
atomization of elements were obtained from Cir­
cular 50011 and the other bond energies were 
assigned the values /¿(C-II) =  98.85 keal. and 
E (C— C) = 83.1 keal., given by Cass, at al.n The 
values obtained for ./¿(Pb-C) are 34.9 keal. for 
tetramethyllead and 31.7 keal. for tetraethyllead. 
The difference of 3.2 keal. corresponds to 12.8 keal. 
in the heat of atomization. Thus, the assumption 
of constant bond energies is a poor approximation 
for these compounds.

The average Pb-C bond dissociation energy, one 
fourth of A/729s.i6 lor the gas-phase reaction PbR4 =  
Pb +• 411, was calculated by use of Field and 
Franklin’s13 values of 31 and 24 keal. mole-1 for 
AHf of methyl and ethyl radicals, respectively. 
The values thus obtained were 34 keal. for tetra­
methyllead and 32 keal. for tetraethyllead, or 
approximately the same as the thermochemical 
bond energies calculated above.

(12) R . C . Cass, S. E . Fletcher, C . T . M ortim er, H . D . Springall and 
T . R . W hite, J. Client. Hoc., 1406 (1958).

(13) F . II. Field  and J. L. Franklin, “ Electron Im p act Phenom ena 
and the Properties of Gaseous Ions,’’ Academ ic Press, In c., N ew  Y o rk ,
X. V ., 1957, p. 129.

THE DISSOCIATION PRESSURE OF ZnAs>
B y V. J. L yons

Inlemational Business Machines Corporation, Research Laboratory, Poughkeepsie, New York
R eceived Decem ber 11, 1958

Two standard methods have been employed to measure the dissociation pressure of ZnAs2 in the range 612 to 770°. A 
dew-point method was used from 612 to 759° and triple-point measurements covered the range 756 to 770°. The melting 
point of the compound was found to he 768 ±  1° at an arsenic, pressure of 3.3 atmospheres. In the temperature range 
612 to 740° the data may be represented by the equation log P — — 12300/7' +  15.0. The heat of dissociation calculated 
from the slope of the equation is 18.8 keal./mole.

Introduction
The compound ZnAsg is a semi-conductor having 

an energy gap of approximately 0.92 e.v. at 300°K.1 
During the course of investigation of various 
properties of the compound a degree of thermal 
instability, resulting from the dissociation of the 
compound, was observed. Since thermal dissocia­
tion introduces special problems relevant to the 
growth of single crystals and to the precision of 
subsequent physical measurements, a study was 
made of the dissociation reaction for the compound. 
Thus dissociation pressures were measured. The 
data presented herein cover the temperature range 
600° to the melting point.

Experimental
The dissociation pressure of a solid compound may be 

defined as the sum of the vapor pressures of the dissociation 
products in equilibrium with the solid compound at a speci­
fied temperature.2 In the case where only one of the dis­
sociation products is volatile, the pressure may he expressed 
in terms of the volatile product in equilibrium with the solid

(1) W . .J. Turner, A. S. Fischler, V. ,1. Lyons and W. E. Reese, 
“ The Electrical and O ptical Properties of ZnAss.”  presented at The 
American Physical Society M eeting, Chicago, N ov. 29, 1958.

(2) See for exam ple, K. P. Egan, J. E . Potts and G. D . Potts, Ind. 
Eng- Chem., 38, 454 (1946).

compound. Dissociation of ZnAs2 proceeds according to 
the reaction

ZnAs2 = I/ 2Zn2As2s +  VsAsi
Since the vapor pressure of arsenic is considerably higher 
than the vapor pressures of Zn3As2 and ZnAs2, the dissocia­
tion pressure is essentially equal to the arsenic pressure.3 4 5

Two different methods were used to measure the dissocia­
tion pressure of ZnAs2. In the temperature range 600 t.o 
759° a “ dew-point”  method was employed, while in the 
range 750° to the melting point, ZnAsx composition melting 
points were observed under various arsenic pressures thereby 
providing triple-point measurements. Overlapping of the 
temperature ranges covered by each method provided a 
means of checking the reliability of the methods.

In the “ dew-point”  method, measurement of the arsenic 
pressure in a closed system can he accomplished by observa­
tion of its condensation temperature, i.e., its “ dew-point.” 6 
Dissociation of the compound in order to provide an arsenic 
atmosphere for the measurement, will result in the formation 
of a layer of Zn3As2 on the sample surface. In order to 
minimize the thickness of the Zn3As-_> layer, a large sample 
surface area to reaction tube volume ratio is necessary. 
Therefore, approximately 10 g. of ZnAs2 was broken into 
small pieces (1-2 mm. in diameter) prior to the runs. The

(3) T h e compound ZntAs; does not. dissociate in the tem perature 
range studied.

(4) Arsenic pressures wore obtained from two sources: (a) “ Inter­
national Critical T allies,’ ’ 3b, 207; (b) R . E. Monig, U. C. A. Rer., 
18, No. 2, 195 (1957).

(5) K . W eiscr, T in s  J o u r n a l , 61, 513 (1957).
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ZnAs2 was synthesized at 775° by direct combination of 
Zn and As in a sealed quartz tube under an arsenic pressure 
of two atmospheres. A single crystal of the compound was 
grown by directional freezing ir. a temperature gradient. 
The material was stoichiometric ZnAs2 as shown by wet 
chemical analysis.

The speetrographically pure monocrystalline ZnAs2, con­
tained in a carbon-coated quartz boat, was placed at one 
end of a quartz tube. The tube was then filled with H2 to a 
pressure of 10 mm. prior to sealing olf. Thermocouple wells 
were located at each end of the reaction tube for measuring 
decomposition and condensation temperatures. The re­
action tube was placed in a furnace consisting of two con­
tiguous windings of nichrome ribbon on a quartz tube pro­
viding separate heaters for decomposition and condensation. 
The furnace was enclosed in a second quartz tube such that 
the entire reaction tube was visible.

After the two heaters were raised to the same temperature, 
the temperature of the condensation furnace ( 'i\) was low­
ered in steps of 5° while the decomposition temperature 
(Ti) was maintained constant.6 A 10 minute equilibration 
time was allowed after each change in rl\. A short blast of 
air then was directed into the thermocouple well (T 2) thus 
momentarily lowering the temperature 10-20° in the imme­
diate area of the well. The air blast was used to ensure 
against errors which might occur due to supersaturation of 
the arsenic vapor.

The temperature was lowered in this manner until the air 
blast caused arsenic crystals to appear on the well. T2 was 
then varied over a narrow range and the process was re­
peated until the condensation temperature was established 
through observation of the condensation and sublimation of 
the arsenic crystals. The decomposition temperature was 
then increased to a now value and equilibrated for 20-30 
minutes prior to repeating the process. At a decomposition 
temperature of 612°, the arsenic condensation temperature 
could be determined with an accuracy of ±10°. At higher 
decomposition temperatures, however, the condensation 
temperatures were determined with 4-6° since the arsenic 
sublimed more rapidly at these temperatures.

In the temperature range 730 to 760° there was a notice­
able increase in the quantity of Zn3As2 formed as a product 
of the dissociation. Two problems were thus encountered. 
The first problem involved the gradual sublimation of Zn3- 
As2 away from the sample surface and subsequent conden­
sation of the compound in the area of the temperature gra­
dient between the two furnaces. Therefore, the decompo­
sition pressures could be recorded only in the order of in­
creasing sample temperature since reduction of the sample 
temperature, after decomposition at an elevated tempera­
ture, would result in recombination of As with Zn3As2 at 
two different temperatures: (1) the sample temperature, 
and (2) a lower temperature in the gradient area. The 
second problem was encountered when the sample reached 
the (Zn3As2-ZnAs2) eutectic temperature (750°) and a 
liquidus phase appeared on the sample surface. As the 
sample temperature was increased the liquidus phase in­
creased in volume and eventually covered the entire surface. 
Since this condition could not be distinguished visually from 
a completely molten phase, samples of larger surface area 
were used for the high temperature dissociation. This re­
sulted in the observed presence of both solid and liquid 
phases at the decomposition temperature of 759°. Further 
dissociation at higher temperatures increased the possibility 
of the entire sample becoming a liquid solution of (ZnAs2- 
ZnsAs2) in which case the system becomes Invariant.

In order to increase the accuracy of the measurements 
made near the melting point of the compound, a different 
method was employed wherein arsenic vapor was main­
tained in equilibrium with a ZnAs* composition at the melt­
ing point of the sample. The primary objectives in em­
ploying this method were to establish the melting point of 
the stoichiometric compound and to determine the equilib­
rium arsenic pressure at the melting point. Tin; method 
employed an apparatus similar to that used by van den 
Boomgaard and Schol7 in their study of the compounds 
GaAs, In As and InP. The furnace was the same as that 
used in the dew-point measurements. A quantity of ZnAs2

(fi) Temperatures were measured with Pt -Pt, 10% Ith thermo­
couples which were subsequently calibrated with an N.B.S. standard­
ized Pt-Pt, 10% Rh thermocouple.

(7) Boomgaard and Schol, P h il ip s  R es , R p (s ,, 12, 127 (107)7),

Fig. 1.

was contained in a graphite boat and a large excess of arsenic 
was kept in a cylindrical reservoir at the opposite end of the 
reaction tube. The reaction tube was evacuated to 1 X
10-i> mm. prior to sealing.

After melting the Zn.\s2 under an arsenic pressure deter­
mined by its temperature, the melt was maintained at a 
temperature of ~780° for periods of from two to six hours. 
This permitted the melt composition to adjust to the 
equilibrium composition represented by the arsenic vapor 
pressure. The melt was then frozen under the constant 
arsenic pressure. Accurate freezing points of the melt 
could not be recorded due to considerable supercooling of 
the melt. (Supercooling occurred over the entire tempera­
ture range covered by the experiment regardless of t he melt 
composition.) The sample then was heated at the constant 
rate of l°/min. The latent heat of fusion was thus ob­
served as a plateau in the curve of sample temperature vs. 
heating time. Sample melting could be observed visually. 
Melting points of various compositions were measured under 
arsenic pressures of from 1.5 to 3.0 atmospheres. The melt­
ing points were recorded first in the order of increasing ar­
senic pressures and then with decreasing arsenic pressures. 
This provided a check on the established equilibrium of the 
system. There was no variation between melting points 
taken with increasing or decreasing arsenic pressure. A 
maximum in the melting point curve occurred at an arsenic 
pressure of 3.3 atmospheres. Since at this point arsenic 
was in equilibrium with both solid and liquid ZnAs2, the 
pressure represents the dissociation pressure of ZnAs2 at its 
melting point. The melting point of the compound was 
found to be 768 ±  1°. The previously reported melting 
point was 771°.8

Discussion
A plot of the experimental data is shown in 

Fig. 1. Tn the temperature range 600 to 740°, the 
data may be represented as a straight line and fitted 
to the equation

log P = 12300 , 
f  "h 15.0 (1)

(8) M. Hanson, “Constitution of Binary Alloys.’’ second edition. 
McGraw-Hill Book Co,, In<:„ New York, N, Y,, 1058, ¡>p. 185-180.
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whore P is pressure in millimeters of mercury and 
T is absolute temperature. The equilibrium 
constant for the dissociation reaction

ZnAsj -  Z113ÀS2 4" g As* (2)

may be expressed as the arsenic pressure only since 
the vapor pressures of Zn3A§2 and ZnAs2 are negli­
gible in the temperature range studied. The as­
sumption of only As4 molecules in the vapor state is 
based on a calculation of the fraction of As4 mole­
cules dissociated using data tabulated by Stull 
and Sinke.9 In the temperature range 730 to 
830° the fraction of As4 molecules dissociated to 
form As2 molecules is approximately 1 X  10“ 3; 
hence the contribution due to As2 molecules may 
be considered negligible. The equilibrium con­
stant is then

Kp' = P '/ 3As 4 (3 )
in the temperature range described for equation 1.

In the temperature range 750° to the com­
pound melting point, the experimental data show 
an increase in the slope of the dissociation pressure 
curve. Since the Zn-As phase diagram indicates 
a degree of solubility of arsenic in liquid ZnAs2, 
a positive slope would be expected for arsenic- 
rich compositions near the ZnAs2 stoichiometry and, 
therefore, an infinite slope would occur at the Zn- 
As2 melting point. Hence, an increase in the slope 
of the curve below the compound melting point, 
as suggested by the experimental data, is not al­
together unexpected in this system. No attempt 
was made to determine the equilibrium constant 
near the melting point because of insufficient data 
on the reactions involved.

The over-all heat for the reaction corresponding 
to equation 2 as calculated from the slope of log

(9) D. R. Stull and G. C. Sinke, ‘'Thermodynamic Properties of 
tlie Elements,” Advances in Chemistry Series, No. IS, 1959.

GO) K. Denbigh, "Principles of Chemical Equilibrium,” Cambridge 
University Press, 1955, Ch. 0.

Table I
T abulation op Experimental Data 

Dew Point Measurements

ZnAss,
As con­densation As

temp., temp., pressure,
°C. °C. mm.
612 420-440 6.03-11.5
655 498-507 62.2-79.0
695 535-541 160.7-199.8
720 569-573 357.1-390.7
759 619-623 1035.2-1122.0

ZnAs*
Triple-point Measurements

As As
m.p., temp., pressure,
°C. °C. mm.

756.9 023.0 1122
754.9 624.0 1143
758.7 632.9 1361
757.4 633.8 1387
764.9 646.3 1762
763.7 647.5 1803
763.4 647.9 1815
764.4 655.0 2075
765.5 655.0 2075
766.9 660.7 2307
766.9 661.0 2317
766.9 663.4 2421
768.5 665.4 2512
767.8 665.6 2512
766.1 666.4 2559
765.7 666.5 2559

P vs. 1/T using the straight line approximation10

In P AH
RT + C

is 18.8 kcal./mole of solid ZnAs2.
Acknowledgments.— The author wishes to ex­

press his thanks to Dr. G. A. Si Ivey and Dr. K. 
Weiser for their valuable suggestions and discus­
sions.

THE SLOW STEP IN CHEMISORPTION. THE POSSIBLE ROLE OF THE
SOLID ADSORBENT. II

B y  G. P a r ra va n o , 1 H. G. F ried rick  and M. B oudart 
Department of Chemical Engineering, University of Notre Dame, Notre Dame, Indiana

R e ce ive d  D e ce m b e r 12. 1958

The rates of adsorption of hydrogen and deuterium on a variety of zinc oxide samples are identical over a wide temperature 
range. It is concluded that the activated complex does not involve the adsorbed species. The slow step in this chemi­
sorption process is associated with the thermal generation of active centers.

Introduction
In a previous paper under the same title,2 the 

phenomenon of slow chemisorption was critically 
analyzed in the light of data existing at that time. 
It was recalled that the commonly accepted mecha­
nism of “ activated”  adsorption was not acceptable 
in certain cases. This mechanism assumes that

(1) Department of Chemical and Metallurgical Engineering, Uni­
versity of Michigan, Ann Arbor, Michigan.

(2) M. Boudart and H. Taylor, L. Farkas Memorial Volume, Re­
search Council of Israel, Jerusalem, 1952, p. 223.

only a fraction of the molecules hitting vacant sur­
face sites will be adsorbed, namely, the fraction 
possessing an excess energy E  in translational 
motion. Such a simple picture of the activation 
energy E for adsorption leads to serious difficulties.

In particular, it provides no explanation for the 
fact that rates of slow chemisorption of hydrogen 
and deuterium should sometimes be identical, a 
striking experimental fact discovered at Princeton 
by Pace and Taylor3 and confirmed by Kohl-

(3) J. Pace and H. S. Taylor, J . C’hem , P h y s ., 2, 578 (1934),
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schutter.4 The complete lack of a kinetic isotope 
effect, over an extended temperature range, indi­
cates that, at least for the oxide adsorbents studied 
in these investigations, the slow step in the adsorp­
tion process pertains to the solid adsorbent itself 
and not to the interaction between a site and the 
gaseous adsorbate. The slew step was tenta­
tively ascribed to the thermal production of ad­
sorption sites, so that the surface was of the type 
first described by Vokkenshtein.5 Unfortunately, 
it was not possible to specify the process of site 
production, since little was known about the solid 
state behavior of the adsorbents used in the Prince­
ton work (zinc oxide-chromium oxide, chromium 
oxide gel, nickel on kieselguhri.

It seemed therefore important to repeat the criti­
cal experiment of Pace and Taylor, this time on an 
adsorbent which is better understood. Zinc oxide 
was selected for two reasons. First, a considerable 
amount of work has been done on the chemical6 and 
physical7 properties of zinc oxide surfaces. Sec­
ondly, some adsorption rate measurements have 
been published8 which are at variance with the re­
sults of Pace and Taylor, in the case of hydrogen 
and deuterium on zinc oxide. It was decided to 
use a sensitive differential technique, able to detect 
minute differences in adsorption rates of the two 
isotopic molecules not only on pure zinc oxide, but 
on zinc oxide modified by uni- and trivalent impuri­
ties.

Experimental
Materials.—Zinc oxide was obtained by decomposition 

of C.p. zinc carbonate (Baker and Company) for 0 5 hour 
at 800° in a porcelain crucible. Gallia- and lithia-contain- 
ing samples were prepared by impregnation of the pure oxide 
with known amounts of standard solutions of the corre­
sponding nitrates. The impregnated materials then were 
dried at 120° and heated for 2 hours at 800°.

Hydrogen, from an electrolytic cell (25% potassium hy­
droxide), was purified by passage through a Pd-AUOs cata­
lyst and magnesium perchlorate. Deuterium was obtained 
by electrolysis of heavy water and purified in a manner 
similar to hydrogen. Mass spectrometric analysis of deu­
terium gas showed that it contained 95.8% D2,

Apparatus.—Measurements were taken in a differential 
adsorption apparatus. Two vessels, containing the same 
weight of oxide, were each connected to one side of a dif­
ferential manometer, hydrogen or deuterium line, gas burets, 
and high vacuum line. The adsorption vessels were fitted 
into two holes of a stainless steel block. The differential 
manometer was filled with dibutyl phthalate, dyed with 
crystal violet, and variations in the meniscus height of the 
liquid were recorded on photographic paper, by means of an 
optical recording system.9 The developed photographic 
paper yielded a black and white graph of meniscus height 
vs. time. In order to make sure that any observed varia­
tion of meniscus height was due to a difference in the adsorp­
tion rate of the two vessels, filled with hydrogen or deu­
terium, preliminary blank runs were made by filling both 
vessels with zinc oxide and hydrogen under conditions in 
which adsorption took place. No variation in meniscus 
height was observed. Pressure differences due to changes 
of the original volume following meniscus variations were 
found to be negligible.

Method.—Known amounts of hydrogen and deuterium 
were separately admitted into the two vessels, containing

(4) H. W . Kohlsehutter, Z. physik. Chern., A 170 , 300 (1934).
(5) F. F. V o l’kenshtein, Zhur. F iz . K lim .,  23, 917 (1949).
(6) G . Parravano and M . Boudart, “ A dvances in C a ta ly s is ,”  Vol. 

V II, Academ ic Press, N ew  Y ork, N. Y .,  1956, p. 50.
(7) S. R o y Morrison, ref. 6, p. 259.
(8) G . N a tta  and N . Agliardi, A tti Acad. N az. L in e d ,  344, 500 

(1947).
(9) C. R, Thom as and H . H. Lichtin, Rev. Sci. In str . , 24, 601 (1953).

similar preparations of zinc oxide, suitably pretreated and 
the recording manometer was turned on. Runs were taken 
over a period of about 10 hours. After each run the amount 
adsorbed was read off from the hydrogen buret.

Results
Hydrogen and deuterium adsorption was followed 

at three different temperatures: 75, 200, 300° and 
constant pressure of 730 mm. Prior to a run, all 
zinc oxide samples were evacuated at 450° for 4 
hours. Runs were performed in the order listed in 
Table I. No difference in adsorption rates could be 
detected in any of the test runs.

T a b l e  I
H y d r o g e n  a n d  D e u t e r i u m  A d s o r p t i o n  o n  Z i n c  O x i d e  

O r d e r  o f  R u n s  P e r f o r m e d

No. Kind of run Catalyst Temp..
°C.

.1 Blank Pure ZnO 200
2 Blank Pure ZnO 200
8 Test Pure ZnO 200
4 Test Pure ZnO 200
5 Test Pure ZnO 200
6 Blank Pure ZnO 300
7 Test Pure ZnO 300
8 Test Pure ZnO 75
9 Blank ZnO +  0.35 mole %  Ga20 3 200

10 Blank ZnO +  0.35 mole %  Ga20 3 200
11 Test ZnO +  0.35 mole %  Ga20 3 200
12 Test ZnO +  0.35 mole %  Ga20? 200
18 Test ZnO +  0.35 mole % Ga20 3 200
14 Blank ZnO +  0.50 mole %  Li20 200
15 Blank ZnO +  0.50 mole %  Li20 200
16 Test ZnO +  0.50 mole %  Li20 200
17 Test ZnO +0 .50  mole % Li20 200
18 Test ZnO +  0.50 mole %  Li20 200

Typical data on the amount of gas adsorbed are 
recorded in Table II.

T a b l e  I I

A d s o r p t i o n  o f  H y d r o g e n  a n d  D e u t e r i u m  o n  Z i n c  O x i d e  

Time of adsorption, 10 hours

Catalyst Temp., °C.
Hj or Do adsorbed (mole/g. catalyst) 

X 106
ZnO 75 1.015
ZnO 200 1.225
ZnO 300 0.567
ZnO +  0.35 mole % Ga20 3 200 .242
ZnO +  0.50 mole % Li20 200 .117

The adsorption results clearly follow the pattern 
of previous investigations.10

Discussion
As is well known from the kinetic theory of gases, 

the number of molecules striking a surface per cm.2 
per second is equal to {c/4i)n where c is the mean 
molecular velocity and n in the number of molecules 
per cm.3. If there is an energy barrier E  for ad­
sorption so that only the fraction of molecules 
with translational energy >  E  can be adsorbed, the 
rate of adsorption r given by

r = ~ exp( — E/RT) = n

Now, c is inversely proportional to molecular
(10) A. Oimino, E. Cipollini and E . M olinari, N alurm saen,, 43, 58 

(1956).
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mass, so that cm =  v /2c&v Moreover, since hy­
drogen and deuterium are involved in the activated 
state Eth must also be different from E ds. In or­
der to decide whether E h 2 is smaller or larger than 
E dS) recourse must be made to absolute rate theory 
of isotope kinetic effects.11 If hydrogen nuclei 
are more tightly bound in the reactants than in the 
activated complex E h 2 <  E d *. If, on the contrary, 
hydrogen nuclei are more tightly bound in the ac­
tivated state than in the reactants, Eh2 >  E d2.

In the classical “ diving”  mechanism of activated 
adsorption with dissociation, hydrogen nuclei are 
more tightly bound in the reactants12 so that Eh* < 
E d,- Then, at a given pressure, the rate of adsorp­
tion of hydrogen should be at least v 2  = 1.41 
times faster than that of deuterium. The negative 
experiment reported here consequently rules out 
the classical “ diving”  mechanism.

Another possible mechanism which is frequently 
advanced to explain slow chemisorption, assumes 
that the molecule is adsorbed rapidly with dissocia­
tion on a site of type A and that the fragments must 
then slowly diffuse away to some other sites of type
B. Here the rate-determining step is a surface 
“ hopping”  diffusion. It has been proposed by 
Wicke13 for the hydrogen-zinc oxide system. A 
variation of this mechanism proposes that the slow 
step is not surface diffusion but diffusion into the 
interior of the adsorbent. This interpretation of 
the slow rate of hydrogen uptake by zinc oxide has 
also been proposed.14

In the case of diffusion mechanisms (surface 
hopping or bulk diffusion) it is possible that the 
activation energy for deuterium be smaller than for 
hydrogen. Indeed the reactants here may be hy­
drogen or deuterium atoms, and not molecules as 
in the diving mechanism. Therefore, in the ac­
tivated state hydrogen or deuterium will be more 
tightly bound than in the reactants so that E d <  
Ah- The difference between Ad and A h may be 
large enough to compensate for the isotope effect 
of the translational (classical) mode of motion of 
the diffusing atoms. Since tod >  mn, the effect of 
the translational modes works in the opposite di­
rection than the effect of the vibrational modes ( A d  
<  A h ) . It is entirely possible that at a given tem­
perature, both effects would compensate each other 
exactly. At that temperature, the rates would be 
identical for hydrogen and deuterium. Yet above 
and below that temperature, they would be differ­
ent. Such a case has been reported by Beebe15 
in a study of hydrogen uptake by copper powders.

(11) J. Biegeleisen, J. Chem. P hys., 17, 675 (1949).
(12) A . Sherman and H. E y r in g ,./. A m . Chem. S o c „  S i,  2661 (1932).
(13) E . W icke, Z. Elektrochem., 63, 279 (1949).
(14) O. Beeck, A . W . R itchie and A . W heeler, J. Colloid Sci., 3, 505 

(1948); O. Beeck, J. W . G ivens and A. W . R itchie, ibid., 5, 141 (1950).
(15) T . Soller, S. Goldwasser and R . A. Beebe, J . A m . Chem. Soc., 

58, 1703 (1936).

The diffusion mechanisms are ruled out in the 
case of the hydrogen-zinc oxide system. Indeed 
the rates for hydrogen and deuterium remain rigor­
ously identical over a wide temperature interval 
from 75 to 300°. Any accidental compensation is 
excluded in this case.

It must be concluded that neither the “ diving”  
mechanism nor any of the diffusion mechanisms 
is able to explain the negative experiment with 
zinc oxide.

The only alternative left open is a slow step 
which does not involve hydrogen, as a molecule or 
as adsorbed fragments. In other words, the slow 
step involves the generation of an active site. Ad­
sorption can proceed only on activated sites.

Morrison’s picture of zinc oxide surfaces7 ex­
plains the slow formation of active sites in the fol­
lowing way. Zinc oxide is a semi-conductor be­
cause of interstitial zinc atoms in excess of stoichiom­
etry. Interstitial zinc releases electrons readily 
to the conduction band of zinc oxide. When oxygen 
is adsorbed at the surface, it traps the conduction 
electrons. As a result of the presence of these 
charged oxygen surface traps, a space charge and 
an electric field barrier are set up in the vicinity of 
the surface.

An oxygen atom at the surface can trap two elec­
tron (O— ) or only one electron (-0 “ ). It is pos­
tulated that only -0 “  radical-ions provide adsorp­
tion sites for hydrogen. These are limited in num­
ber after a suitable “ activation”  of zinc oxide (sur­
face evacuation or reduction). As hydrogen is ad­
sorbed on the active sites, more sites will be cre­
ated thermally by the process

O-  -  — > "0 “ +  electron
The electron must however surmount the surface 

barrier to get back to the bulk of the crystal and 
this is an activated process.

The Morrison picture is compatible with the 
general behavior of zinc oxide as an adsorbent for 
hydrogen. It is also compatible with the results of 
this work since it does not postulate hydrogen or 
deuterium in any form in the activated complex. 
While our isotope experiments may be considered 
as giving additional support to the picture of Mor­
rison, they do not prove it unequivocally. They do 
however demonstrate conclusively that the surface 
of zinc oxide is of the “ dynamic”  type discussed 
earlier (1) and that the activated step in the adsorp­
tion of hydrogen on zinc oxide is associated with 
the thermal generation of new active centers. The 
importance of this concept of a dynamic surface in 
chemisorption and catalysis need not be stressed 
again.

To conclude, what wras called prudently in a 
previous paper “ the possible role of the solid ad­
sorbent”  may now be considered as an established 
experimental fact.
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CATHODE CURRENT DISTRIBUTION IN SOLUTIONS OF SILVER SALTS. 
I. THE EQUIVALENT CONDUCTANCE OF SOLUTIONS OF SILVER 
NITRATE AND OF POTASSIUM ARGENTOCYANIDE AS A FUNCTION OF 

VOLUME CONCENTRATION AND TEMPERATURE
By  Charles II. Orr1 and H enry E. W irth 

Contribution from the Department of Chemistry, Syracuse University, Syracuse, N. Y.
Received Decem ber IS, 10$8

The equivalent conductance of solutions of silver nitrate and of potassium argentocyanide were determined at 25, 35 and 
45° in the concentration range from 0.01 to 0.5 N. For the solutions of silver nitrate an empirical equation of the form 
log A = log Ao +  aie1/* +  a-ic +  a3c3/2 +  a4e2 was used to represent the data and for the solutions of potassium argentoeya- 
nide an equation of the form A = Ao +  6 ic’A 4- 62c +  fr3c3/2 +  b$c2 was used. The densities of the solutions of potassium 
argentocyanide were determined as a function of concentration and these data were represented by equations of the form of 
d\ = do +  etc +  e2csC. The values of the constants in these equations at 25, 35 and 45°, respectively, are: log A0, 2.12503, 
2.20496, 2.27852; ah -0.28746, -0.29307, -0.30733; ah -0.04335, -0.03869, -0.05265; ah 0.35309, 0.36286, 0.45853; 
n4, -0.2980, —0.3161, -0.4034; A0, 123.7, 146.4, 175.9; bh -106.8, -92.8, -135.5; b2, 217.8, 101.1, 194.5; bh -277, 
- 6 6 , -173 ; &4, 132, 11, 55; d0, 0.997], 0.9941, 0.9902; e4, 0.1348, 0.1330, 0.1312; e2, -0.0153, -0.0150, -0.0147.

Introduction
As part of a problem on current distribution in 

plating baths it was necessary to know the equiva­
lent conductance of silver nitrate and of potassium 
argentocyanide as a function of volume concentra­
tion and temperature. Data for silver nitrate solu­
tions at 25° are readily available, but no data for 
35 and 45° over the concentration range of interest 
could be found. The data at 25° were determined 
as a check on the equipment and procedure, after 
which the equivalent conductances at 35 and 45° 
were determined.

There are very few data available in the literature 
on the equivalent conductance of potassium 
argentocyanide. Walden2 presented data for the 
range 0.00098 to 0.031 N  at 25° with no indication 
of the method of measurement or of preparation of 
the salt. Britton and Dodd3 presented data for 
the range 0.0025 to 0.01 N  at 25°. Although the 
agreement with the data of Walden is fair, their 
values were derived from data on the conductance 
of mixtures of salts in solution.

In view of the lack of suitable data, a determina­
tion of the equivalent conductance of the solutions 
of potassium argentocyanide over a sufficiently 
wide concentration range to embrace most electro­
plating solutions and having moderate precision 
was undertaken. It was desired to make up the 
solutions by weight and to calculate the volume 
concentration and since very few data concerning 
the density as a function of volume concentration 
were available, densities also were determined.

Experimental
A. Apparatus.—The conductance bridge was constructed 

from the plans of Edelson and Fuoss4 and the balance point 
was determined with earphones and with a Heath Kit Push- 
Pull, Extended Range Oscilloscope. The bridge resistance 
decade box, General Radio Type 1432M, was calibrated 
in situ against National Bureau of Standards certified re­
sistors by a substitution method at a frequency of approxi­
mately 500 c.p.s. The two conductance cells of the design 
of Jones and Bollinger5 5 6 7 8 9 10 11 had constants of 1.6 and 22.9. The

(1) The Procter & G am ble C om p any, M iam i V alley  Laboratories, 
Cincinnati 31, Ohio.

(2) P. W alden, Z. anorg. Ckem ,, 23 373 (1900).
(3) H . T . S. B ritton  and E . N . D ocd, ./. Chern. S oc., 1932 (1940).
(4) D . Edelson and R. M . Fuoss, •/. Chem. Education, 27, 010

(1950).

bath temperature was maintained constant to within 
±0.005°.

The density of the potassium argentocyanide solutions 
was determined by measuring their expansion in a dila- 
tometer similar to a weight dilatometer,6 except that closure 
was made with a three-way stopcock. The precision type 
cathetometcr used for measuring the displacement of the 
liquid meniscus could be read to ±0.005 cm.

B. Materials.—The conductance water was prepared 
by double distillation, first from alkaline permanganate 
solutions and then from dilute phosphoric acid. Both dis­
tillations were carried out in a nitrogen7 atmosphere. The 
terminal condenser and the receiving flasks were made of 
Vycor. The average specific conductance of the water used 
in the determinations was: 25°, 0.97; 35°, 1.36; and 45°, 
1.89 X 10~6 mhos. cm ."’ .

J. T. Baker Analyzed potassium chloride was recrvstallized 
once from a saturated boiling solution in water, then dried 
in porcelain evaporating dishes in a muffle furnace at about 
500°.

Baker and Adamson reagent grade silver nitrate was used 
without further purification.

The salt, potassium argentocyanide, was prepared ac­
cording to the method of Frary and Porter.8 Since it was 
discovered afterward that the salt contained excess silver 
cyanide, corrections were applied and check determinations 
were made with a sample of potassium argentocyanide from 
Fisher Scientific Company which analyzed 99.59% pure.

C. Procedure.—The solutions were made up on a weight 
basis. Using the density of the solutions at 25, 35 and 
45° the volume! concentrations were calculated from the 
weights.

The density of the solutions of potassium chloride was 
calculated from the data of Geffcken.9 The equations for 
the density of the solutions of potassium chloride are

d254 = 0.99707 +  0.048270c -  0.002403c8/* 
d354 = 0.99406 +  0.047494c -  0.002187c8/* 
d« 4 = 0.99025 +  0.047321c -  0.002129c8/*

The equations for the density of the solutions of silver 
nitrate as a function of the volume concentration at the 
three temperatures were derived from the equation of Jones 
and Colvin10 and the data of Bousfield and Lowry.11 The 
derived equations at 35° and 45° are

(5) G . Jones and G. M . Bollinger, J . A m . Chem. S oc., 63, 411 
(1931).

(6) N . Baner, "D eterm ination  of D ensity. Physical M ethods of 
Organic C hem istry,”  V o l. I, Part 1. ed. A. W eissberger, 2nd ed., 
Interscience Publishers In c., New Y o rk . X . Y . ,  1949, F ig. 4, p . 277.

(7) L. B . Rogers, D . P . Krause, J. C . Griess, Jr., and I). B. Ehr- 
linger, ./. Electrochem. S oc., 96, 31 (1949).

(8) F . C . F rary and R . E . Porter, Trans. A m . Electrochem. S oc., 28, 
307 (1915).

(9) W . GeiTcken, Z. pkysik . Chem ., A 166, 1 (19.31).
(10) G . Jones and J. H. C olvin , ,/. A m . Chem. S o c . .  62, 338 (19401.
(11) W . R . Bousfield and T . M . Low ry, Trans. Faraday Soc., 6, 

85 (1910).
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d3h = 0.09406 +  0.14154c -  0.00298c9A 
cl«, = 0.09025 +  0.14131c -  0.00322c3A

Due to the presence of excess silver cyanide the solutions 
of potassium argentocyanide were analyzed for silver content 
and the concentration of the double salt calculated. Several 
solutions were analyzed, at first volumetrically by the 
method of Blum and Hogaboom,12 and later by deposition 
of silver on a platinum gauze cathode. The concentrations 
of all solutions were corrected by the average value; of the 
per cent, of the salt weighed out that was potassium argen- 
tocyanide since the contaminant, silver cyanide, was es­
sentially insoluble.

The constant of cell I was determined by measuring the 
resistance of solutions of potassium chloride in that cell at 
25, 35 and 45° and calculating the cell constant from these 
data and the equations of Shedlovsky, Brown and Mae- 
Innes,13 and Benson and Gordon.14 The constant of cell II 
was determined by comparison of the resistance of a solution 
of silver nitrate run simultaneously in both cells at the three 
temperatures. The conductivities of the silver nitrate 
solutions were determined at four frequencies and at tem­
peratures of 25, 35 and 45°.

The conductance of the potassium argentocyanide solu­
tions increased with time, so measurements at each tempera­
ture were extrapolated back to the time of filling of the cell. 
Electrolytic polarization was corrected for by plotting the 
zero time resistance versus the reciprocal of the square root 
of the frequency and extrapolating to infinite frequency.

Results
The average cell constants and their standard 

deviations are listed in Table I.

Table I
Tem p., C ell constant (c m .-1)

°C . C ell I Cell II

25 1.5808 ±  0.0005 22.92 ± 0 .0 2
35 1.5801 ±  .0004 22.91 ±  .02
45 1.5811 ±  .0006 22.93 ±  .02

The average values of the equivalent conduc­
tances of the solutions of silver nitrate at the three 
temperatures are listed in Table II.

The smoothed density, volume concentration and 
average equivalent conductance of the solution of 
potassium argentocyanide at the temperatures 
indicated are presented in Table III. Those values 
tabulated without density data are duplicate 
determinations. At the highest concentration the 
densities were obtained by extrapolation of the 
density equations.

T a b l e  III

T e m p . ,
° C .

D e n s i t y ,  g./ml.

V o l u m e
c o n c n . ,

N A
2 5 0 . 9 9 8 0 . 0 0 4 9 4 4 1 1 7 . 0

3 5 . 9 9 5 . 0 0 4 9 2 9 1 4 0 . 6

4 5 . 9 9 1 . 0 0 4 9 1 0 1 6 8 . 2

2 5 . 9 9 8 . 0 1 0 2 5 1 1 5 . 0

3 5 . 9 9 5 . 0 1 0 2 2 1 3 8 . 5

4 5 . 9 9 2 . 0 1 0 1 8 1 6 3 . 0

2 5 1 . 0 0 2 . 0 3 9 6 6 1 0 9 . 2

3 5 0 . 9 9 9 . 0 3 9 5 4 1 2 9 . 4

4 5 . 9 9 5 . 0 3 9 3 8 1 5 2 . 6

2 5 . 0 3 9 4 6 1 0 9 . 3

3 5 . 0 3 9 3 4 1 3 1 . 5

4 5 . 0 3 9 1 8 1 5 4 . 9

2 5 1 . 0 0 9 . 0 8 9 9 1 0 4 . 7

3 5 1 . 0 0 6 . 0 8 9 6 1 2 6 . 0

4 5 1 . 0 0 2 . 0 8 9 2 1 4 8 . 5

2 5 1 . 0 1 7 . 1 5 8 1 1 0 1 . 5

3 5 1 . 0 1 4 . . 1 5 7 6 1 2 1 . 8

4 5 1 . 0 1 0 . 1 5 6 9 1 4 3 . 5

2 5 . 2 4 4 3 9 8 . 3

3 5 . 2 4 3 5 1 1 7 , 7

4 5 . 2 4 2 4 1 3 8 . 4

2 5 1 . 0 2 8 . 2 4 5 8 9 8 . 6

3 5 1 . 0 2 5 . 2 4 4 9 1 1 8 . 3

4 5 1 . 0 2 0 . 2 4 3 9 1 3 9 . 2

2 5 . 3 5 2 0 9 5 . 3

3 5 . 3 5 0 7 1 1 4 . 2

4 5 . 3 4 9 0 1 3 4 . 3

2 5 1 . 0 4 2 . 3 5 3 1 9 5 . 2

3 5 1 . 0 3 8 . 3 5 1 8 1 1 4 . 5

4 5 1 . 0 3 3 . 3 5 0 2 1 3 4 . 1

2 5 . 4 8 0 5 9 2 . 5

3 5 . 4 7 8 7 1 1 0 . 9

4 5 . 4 7 6 5 1 3 0 . 3

Discussion
An empirical equation was found for the repre­

sentation of the data on silver nitrate which repre­
sented that data with a minimum of deviation. 
Application of the method of least squares .yielded 
these three equations for the equivalent conduc­
tance of the solutions of silver nitrate as a function

T a b l e

2 5 0 3 5 °
c A C

1 3 3 . 4 15 0

0 1 0 0 6 8 1 2 4 . 8 . 0 1 0 0 3 7

0 4 0 0 7 3 1 1 7 . 0 . 0 3 9 9 7 1

0 8 9 9 4 1 1 0 . 2 . 0 8 9 6 6

1 6 0 3 2 1 0 4 . 3 . 1 5 9 8 2

2 5 2 6 1 9 8 . 9 . 2 5 1 8 1

3 5 9 9 2 9 4 . 3 . 3 5 8 7 5

4 9 8 8 1 8 9 . 3 . 4 9 7 1 3

45°A C A
160.3'« 0 189.916
149.8 .009999 176.9
140.3 .039818 165.1
132.2 .08932 155.3
125.0 .15920 146.9
118.5 .25082 139.1
112.9 .35733 132.4
100.7 .49513 125.2

0 2 ) W . Blum and G. B. Hogaboom, “ Principles of Electroplating 
and Electroform ing,”  3rd ed., M cG raw -H ill Book G o., In c., New 
Y o rk , N. Y .,  1949, pp. 195-6.

(13) T . A. Shedlovsky, A . S. Brown and D . A . M aclnnea, Trans. 
Elec.trochem. S oc., 66, 165 (1934).

(14) G. C . Benson and A , R. Gordon, J. Chem. P h y s .,  13, 473 
(1945'.

(15) T . A . Shedlovsky, ./. A m . Chcm. Soc.. 64, 1411 (1932).
(16) Obtained by extrapolation in large scale plots of the equivalent 

conductance versus the square root of the volum e concentration.

of the volume concentration 
log A 23 =  2.12503 -  0.28746c'A -

0.04335c +  0.35309c3A -  0.2980c2
log Asr, = 2.20496 -  0.29307c*A -

0.03869c +  0.36286c9A -  0.3161c2
log A« -  2.27852 -  0.30733c'A -

0.05265c +  0.46853c*/* -  0.4034c*
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The equations for the density of the solutions of 
potassium argentoeyanide as a function of the vol­
ume concentration are

= 0.9971 +  0.1348c -  0.0153c3/* 
c/ 354 = 0.9941 +  0.1330c -  0.0150c3/*

4 = 0.9902 +  0.1312c -  0.0147c3/2
Application of the method of averages to the 

conductance data yielded these three equations 
for the equivalent conductance of solutions of 
potassium argentoeyanide as a function of the 
volume concentration

A» = 123.7 -  106.8c1 / 2 +  217.8c -  277c3A +  132c2 
A35 =  146.4 -  92.8c«/* +  101.1c -  66c3A +  11c2

A45 = 175.9 -  135.5c'/* +  194.5c -  l73c3A +  55c2
One of the limiting factors in these determina­

tions is the precision with which the cell constant 
was determined. The maximum deviation from 
the average was one part in three thousand for cell 
I and one part in one thousand for cell II. In the 
case of the solutions of potassium argentoeyanide 
the limiting factor is the determination of the con­
centration. The fact that there must be present a 
very small amount of potassium cyanide in excess 
of that required to make the potassium argento­
eyanide from silver cyanide and potassium cyanide 
complicates the matter a little when temperature 
variations are involved since there is no information 
available as to the temperature dependence of the 
solubility product of silver cyanide and the in­
stability constant of the argentoeyanide ions.

To check the procedure used to correct the vol­
ume concentrations, a sample of potassium argento­
eyanide was purchased. This sample, from Fisher 
Scientific Company, catalog number S-l 8(>, lot 
number 522873, was analyzed elcctrolytically for 
silver content and volumetric-ally for free cyanide. 
It was found to contain 99.59% KAg(CN)2 and 
0.231% KCN. Solutions having concentrations 
of about 0.04, 0.25 and 0.36 N  KAg(CX)2 were 
made up with the Fisher salt and the weights used 
in making the solutions were adjusted by the factor 
0.9959 in calculating the volume concentration.

To one of the solutions, after its conductance had 
been determined, was added 0.231% KCX and the 
resistance of the altered solution was determined 
at all three temperatures. The difference between 
the specific conductances of the altered and the 
unaltered solutions was taken as the increase in 
specific conductance due to the presence of an excess

of 0.231% potassium cyanide. The increase in 
specific conductance was found to be 59.8% of that 
calculated for a solution of pure potassium cyanide 
as reported by Bodensiek.17 The specific conduct­
ances of the potassium argentoeyanide solutions 
then were corrected for the amount of potassium 
cyanide present, assuming that the specific con­
ductance of the KCXT was 59.8% of that of the 
pure salt.

A large scale plot of the equivalent conductance 
versus the square root of the volume concentra­
tion was made from the previous data and the best 
smooth curve drawn through those points. The 
test values obtained by the method above were 
plotted on the same graph. The deviations from 
the curve were of the order of =fc 0.0 to 0.3 unit. 
In determining the equations for the variation of 
the equivalent conductance of the solutions as a 
function of the volume concentration, these points 
were included with the other data.

In view of the difficulties encountered in this work 
on solutions of potassium argentoeyanide it is 
estimated that the values of the density and of the 
equivalent conductance are reliable to about 3 to 
5 parts per 1000.

The values of the equivalent conductance at 
infinite dilution at 35 and 45° for the solutions of 
silver nitrate and at all three temperatures for the 
potassium argentoeyanide were obtained by extrap­
olation of large scale plots of the equivalent con­
ductance versus the square root of the volume con­
centration and since the concentrations were still 
relatively large, the extrapolated values are not 
considered reliable. They are, however, reason­
able in terms of the expected behavior of solutions 
of electrolytes.

The equivalent conductance at 25° of solutions 
of silver nitrate calculated from the appropriate 
equation above agree with values15 in the literature 
to within 4 parts in 10,000.

The equations representing the data are good 
representations of the data for the range of con­
centration studied (0.01 to 0.5 N) but should not 
be expected to give reliable values outside this 
range.

Acknowledgment.—The authors wish to express 
their appreciation for a du Pont fellowship during 
the academic year 1951-1952.

(17) A . Bodensiek, D issertation. H annover T . II., 1925, p. 10a 
(“ G m elin ,”  Vol. 8, System  22K , part 27. page 885).
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CATHODE CURRENT DISTRIBUTION IN SOLUTIONS OF SILVER SALTS.
II. CATHODE CURRENT DISTRIBUTION OVER A PLANE CATHODE, 

PARALLEL TO AND SOME DISTANCE FROM A PLANE ANODE
By C harles II. Orr1 and H enry E. W irth

Contribution from the Department of Chemistry, Syracuse University, Syracuse, N. V.
Received. D ecem ber 15, 1958

Wagner has developed a theory based on fundamental ideas in electrostatics and electrochemistry which permits predic­
tions of current distribution at cathodes. For simple configurations such as two plane parallel electrodes, his method 
presents a relatively easy way of predicting changes in current distribution as a function of changes in the conductance of 
the solution and the electrolytic polarization at the metal cathode. Using this theory, the current distribution on a plane 
silver cathode parallel to a plane anode was predicted for solutions of silver nitrate and of potassium argentocyanide and 
then was determined experimentally. The results indicate that qualitatively the theoretical method is correct. Both 
indicate more uniform current distribution on increasing conductance, where polarization is not decreased markedly, by 
increasing either temperature or concentration or both. Both also indicate that the absence of significant polarization in 
the case of silver nitrate leads to very non-uniform current distribution. The electrolytic polarization of a silver cathode 
in solutions of potassium argentocyanide at about 0.1 and 0.5 N  at 25 and 45°, and of a solution of silver nitrate at about 
0.15 N at 25° has been determined with a precision of ± 2% . A new application of an older method for making the meas­
urements has been described.

Introduction
The problem of the distribution of current in 

solutions of electrolytes has been of interest since 
at least 1825.2 In a number of cases attempts have 
been made to calculate the current distribution. 
Generally the procedure has been to make as­
sumptions about the variables which have the most 
pronounced effect on current distribution, as evi­
denced by the distribution and quality of a metal 
plate. A scheme is then devised to represent the 
behavior of a given plating bath as a function of 
these variables. Predictions for given conditions, 
arrangement and shape of the electrodes are then 
made from the scheme, or else measurements are 
made and conclusions drawn about the effect of 
the variables for the prescribed configurations. 
Sometimes, general predictions are made concern­
ing the effects of changes in a given variable on 
current or metal distribution. However, these 
methods are very restrictive; they lack the general 
aspects of a formulation of distribution based upon 
the fundamentals of electrostatics and electro­
chemistry and the basic properties of electrolytic 
solutions.

Wagner3 has developed a theory based on funda­
mental ideas in electrostatics and electrochemistry 
which permits predictions of current distribution 
at cathodes. For simple configurations such as 
two plane parallel electrodes, this method presents 
a relatively easy way of predicting changes in cur­
rent distribution as a function of changes in the 
conductance of the solution and the electrolytic 
polarization at the metal cathode.

The purpose of this research was to apply the 
theory of Wagner to a simple case. The current 
distribution on a plane silver cathode parallel to 
a plane anode was predicted for solutions of silver 
nitrate and potassium argentocyanide.

Theoretical
A. Cathode Polarization.— One of the important 

parameters in determining current distribution, by
(1) The Procter & Gam ble C om pany, M iam i Valley Laboratories, 

Cincinnati 31, Ohio.
(2) A . de la  R ive, A n n. ckim . pkys., 28, 110 (1825).
(31 C . W agner, J. Electrochem . Soc., 98, 110 (1951).

Wagner’s method3 and those of others, is the elec­
trolytic polarization of a metal cathode in a given 
solution as a function of current density. The 
polarization includes all effects opposing the flow 
of current through a solution and into an electrode 
except the Aft-drop in the solution. The resist­
ance of the solution is assumed to remain constant.

A variety of methods4 have been used in the past 
to measure the polarization of a silver cathode in 
solutions of potassium or sodium argentocyanide. 
None were applied under the conditions used in this 
investigation and therefore the data available in 
the literature did not permit the necessary calcu­
lations of the current distribution to be made.

Assuming that the resistance in a solution be­
tween two points varies directly as the distance, 
then in Fig. 1 the ratio, r, of the distances between 
the cathode and nearest probe, and between the 
two probes should be the ratio of the resistances. 
If the polarization at the probe electrodes is negli­
gible, then the potential Ex measured between the 
two probes when current is flowing is equal to the 
/ft-drop in the solution between the probes. If 
this potential is multiplied by the ratio r and the 
product subtracted from the potential E2, between 
the near probe and the cathode, the resulting po­
tential Ap should be the polarization of the elec­
trode.

The polarization as measured in this way is fully 
consistent with the assumptions made above con­
cerning the effects lumped under the heading of 
polarization and with the conditions as they would 
exist in a plating cell.

B. Current Distribution.— Wagner3 worked out 
the current distribution over parallel electrodes at a 
distance great in comparison to their breadth for a 
configuration such as in Fig. 2. In doing so he 
assumed a plot of the total cathode potential, 
Ec +  Ep, versus the current density I  of the form 
in Fig. 3 and finally assumed that there was a 
linear relationship between Ep and I over the 
range of current densities involved.

( 4 )  S. Gladstone, J . Chem, Soc., 090 (1929); F .  F o o t s  t e r ,  Z. Blektro- 
chem ., 13, 501 (1907); B . Egebcrg and N”. Proniisel, T rans. E lectro­
chem. S oc., 59, 293 (1931); II. E . H aring, T rans. A m . E lectrochem . 
S oc., 49, 417 (1920); E . B . Sanigar, R ec. trav. ck im ., 44, 549 (1925).
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Defining h — \&EP/<\I\, the parameter k =  hL 
is introduced, where L is the specific conductance. 
The dimensionless variables u =  x/A and v =  
y/A were introduced for the sake of simplifying 
later computations. Solution of La Place's equa­
tion for two dimensions and application of the 
appropriate boundary conditions leads to an equa­
tion of the form

Giiu) = 1 — J*  ̂ [— In \u — w\] die (1)

where Gi(u) is proportional to the local current 
density along the face of the cathode. Now

L  = giM 
h "  £  C.(») <1«

and a plot of 7/7ave versus x/A will give the current 
distribution over the surface of the electrode. 
Values of Gi(u) from equation 1 were obtained by 
the method decribed by Wagner.5

The technique used in measuring the current 
distribution over a subdivided cathode was that 
due to Mantzell.6 Referring to Fig. 4, if measure­
ments are begun with all of the resistances in series 
with the individual cathodelets at the same value 
the Zff-drops across these resistances will not be 
the same since the amount of current going to the 
cathodelets near the outer edges is known to be 
greater than that going to those in the center. 
The current distribution observed in this case will 
not be the same as if the cathode were one contin­
uous piece of metal since the presence of the re­
sistance in series with the cathodelets has a tendency 
to make the current distribution more uniform. 
If the values of these resistances are changed until 
the IR-drops are all equal then the value of the 
current flowing through each cathodelet can be cal­
culated. This process is roughly equivalent to 
joining the subdivided electrodes. Once the data 
on the variation of current with different cathodelets 
is determined it is then possible to compare the 
experimental results with those predicted by theory.

Experimental
Cathode Polarization. A. Apparatus.—The cell used 

in making the measurements is indicated in Fig. 1. The 
cathode was cut from a sheet of silver and its area was ap­
proximately 3.63 cm.2. It was sealed into the cell with 
medium grade DeKhotinsky cement. The probe elec­
trodes were silver wires which were plated in a potassium 
cyanide-potassium argentocyanide solution. The anode 
was a strip of platinized platinum foil.

A type K potentiometer was used to measure the poten­
tials in the polarization experiments. A Weston Standard 
Cell and a Leeds and Northrup type HS moving coil re­
flecting galvanometer were used with the type K poten­
tiometer. A type S potentiometer made by Fisher Scien­
tific Company was used to measure the total current. An 
Eppley Students Cell and a Leeds and Northrup type R 
moving coil reflecting galvanometer were used with the 
type S potentiometer.

B. Materials.—The solutions of potassium argentocy­
anide were prepared from the salt sold by Fisher Scientific 
Company, which was analyzed elect,rolytically for silver 
content and volumetrically for free cyanide. The con­
ductance water used was prepared as previously described.7 
The water pumped nitrogen used was taken direct from the 
cylinder without further treatment. The silver nitrate

(5) C . W agner. J. Math. I'h ys., 30, 23 (1951).
(f>) 73. M antzell, Elektrorhem., 41, 10 (1935).
(7) C. II. Orr and II. 1.3. W irth, T in s  J o u r n a l , 63, 1117  (1959).

Fig. 1.—Cell used for measuring electrolytic polarization.
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Fig. 2.—Top view of the current distribution cell: 2A = 
4.9 cm.; 2B = 10.0 cm.; and D = 10.0 cm.

Fig. 3.—Ec +  Ep vs. I, where Ec is the cathode potential 
with respect to the standard hydrogen electrode, Ev is the 
polarization potential and /  is the current density.

was Baker and Adamson, reagent grade, used without fur­
ther purification.

C. Procedure.—The solutions were made up by weigh­
ing out a known amount of the salt and diluting to a volume 
of one liter in a volumetric flask. The concentration at 45° 
was calculated using the density data previously deter­
mined.7

To make a determination, the cell was rinsed several 
times with distilled water, then once very quickly with 
acetone. The cell then was permitted to stand about 30 
minutes with a stream of nitrogen passing through it. After 
this period of time the cell was filled with a solution which 
had been saturated with nitrogen and the cell was sealed 
and permitted to stand overnight. The following morning 
the cell was placed in the constant, temperature bath and 
the anode inserted in the*, cell.

After standing in the bath for about three hours, the de­
termination was begun. The electrodes were connected to 
the terminals of the measuring circuit and the smallest cur­
rent applied. The potentiometer was standardized against 
its standard cell, then readings of E\ and E-> were made.
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T Y P E  K T Y P E  S
P O T E N T IO M E T E R  P O T E N T IO M E T E R

Fig. -4.—Current distribution measuring circuit.

Fig. 5.—Polarization potential os. log current for solutions 
of potassium argentocyanidc: curve A, l =  25°, c =
0.1002 Ay B, t = 45°, c -  0.0095 N; C, l = 25°, c = 
0.5005 A'; D, t = 45°, c = 0.4063 N.

/ / / « V O .

x/A.
Fig. 6.—//J,™ vs. x/A in solutions of potassium argonto- 

cyanide at 25°: open circles and curve I, c = 0.0!)07 Ay 
shaded circles and curve 2, c = 0.4985 Ar.

This was repeated two more times. The potentiometer was 
standardized again and then a measurement of Ei -with no 
current flowing was made. This reading of Ei was desig­
nated oEi. The values of oE\ were always within a few 
tenths of a millivolt of each other before and after a deter­
mination. The average time for a determination was 
about six to seven minutes. After taking the last reading 
above, the current was adjusted to the next higher value 
and the series of readings repeated. This procedure was 
repeated until readings at the maximum current had been 
taken.

After completing runs on potassium argentocyanidc, a 
run was made using silver nitrate, following the same pro­
cedure as for the potassium argentocyanidc.

D. Calculations.—The exposed diameter of the silver 
cathode was 2.15 cm. and the distance from Pi to C was 3.90 
cm. and from Pi to P? was 3.45 cm. The surface area of 
the cathode was 3.63 cm.2. Assuming that the resistance in 
the solution between two points varies directly as the dis­
tance, then the ratio of the distance C-Pi to the distance 
Pr P.> is the ratio of the respective resistances. That ratio 
is 1.130.

If polarization at the probe electrodes is negligible, then 
the potential Et is the 7 /2-drop through a cylinder of solu­
tion 3.45 cm. X 3.63 cm.2 when a current is passed through 
the cell. The potential E> is a sum of potentials, the IR- 
drop through a cylinder of solution 3.90 cm. X 3.63 cm.2, 
plus a polarization potential at the electrode. Therefore, if 
Ei is multiplied by the ratio 1.130, and the resulting value 
subtracted from Ei, then the remainder should be the po­
larization potential of the electrode.

Since Ex was not zero at the beginning of a run or during 
a run when no current was flowing, the value of Ei when no 
current was passing, (,Elt was subtracted from the value of 
Ei for the previous determination.

An indication of the fact that the concentration remained 
fairly constant in the compartment between Pi and IX is the 
relative constancy of the resistance R, calculated from the 
value of Ei — oEx = E\ and the current i.

The fact that initially the potential E\ differed from zero 
and also differed from run to run had no effect on the value 
of the polarization potential as calculated.

The polarization potential at each current density was 
calculated from the third values of E\ and Ei in each deter­
mination, since these terminal values seemed to represent 
the Best estimate in each case of the polarization potential 
existing. These equations were used in the calculations

Er = Ei -  n Ei (1)
E„ = E., -  1.130Er (2)

and
R = Et/i (3)

E. Data.—The values of the current densities and the 
polarization potentials for the solutions of potassium ar- 
genfocyanide are plotted in Fig. 5. Those for the solution 
of silver nitrate at t = 25° and c =  0.1604 N are presented
in T a b l e  I.

T a b l e  I
i x  toy Up. i X  10', JE,

¡im p./cm .8 V. am p. / c m .2 V ,

0 . 3 8 0 . 0 0 4 4 . 0 0 0 . 0 0 6
.5 7 .0 0 2 6  0 0 . 0 0 3
.7 5 0 0 5 8 . 0 .0 0 4

1 . 0 0 .0 0 4 1 0 . 0 .0 0 4
2 . 0 0 0 0 4 1 5 . 0 .0 0 5
3 . 0 0 .0 0 6

T a b l e  II
Tem p.,

r °C . M S
0 . 1 0 0 2 2 5 0 . 8 2 9 0 . 1 3 5

. 0 9 9 5 4 5 .7 6 6 .1 2 9

.5 0 0 5 2 5 .6 7 1 .1 3 4

.4 9 6 3 4 5 . 5 8 7 . 1 1 8

Applying the method of averages to the polarization data 
for potassium argentocyanidc and using the equat ion
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Table III

No.
Tem p.,

Volume
concn.. L, mhos k. k. a

°C. equiv./l. c m .-1 v./am p ./c in.2 cm. 7T h
1 25 0.0997 0.01040 338 3.52 0.222
2 25 .4985 .04596 335 15.41 .0506
3 45 .0990 .01462 322 4.70 .166
4 45 .4943 .06431 295 18.97 .0411
5 25 .1604 .01672 7.1 0.119 0.60

E P = M  + £ log i (4) ///.VC
yielded the values listed in Table II for the constants.

The polarization potential for the solution of silver ni­
trate was small and essentially constant and the precision 
of the data thus obtained was no-: sufficient to warrant de­
riving an equation to represent it.

There are no data available in the proper range to com­
pare with the polarization values for the solutions of potas­
sium argentoeyanide. However, the shape and course of 
the curve from the data of Glasstone4 on 0.1 N  NaAg(CN)2 
at 15° agree very well with the shape and course of the curve 
for 0.1 N  KAg(CN)» at 25°.

The data of Piontelli and Poli8 for 0.5 N  AgXOs plus 1 Ar 
HNOj at 25° indicate that up to a current density of 20 X 
1 0 amp./cm.2 the polarization potential lies somewhere 
between 0.009 and 0.016 volt, in good agreement with the 
results of this investigation.

If it is assumed that the dimensions of the cell do not 
change with time and with temperature, and that the probe 
electrodes are unpolarized, then the average resistance of 
the solution between those probe electrodes should permit 
calculation of the equivalent conductance of that solution. 
Using the average resistance of the 0.1604 Ar silver nitrate 
solution, 56.2 ohms, and the calculated equivalent con­
ductance5 of that solution, 104.2: a cell constant of 0.939 
reciprocal centimeter was calculated for the cell. Using 
the average resistance in the case of two solutions of potas­
sium argentoeyanide each at two temperatures, 90.3, 63.7, 
20.1 and 14.4 ohms (in the order in which the solutions are 
listed in Table II), and that cell constant, values of the 
equivalent conductances of the solutions were calculated 
103.8, 148.2, 93.3 and 131.4, and compared with the cal­
culated equivalent conductances using the data previously 
determined,7 104.2, 147.6, 92.1 and 130.0.

These data tend to indicate that the probe electrodes re­
mained unpolarized during the course of a determination. 
The constancy of the central compartment resistance (aver­
age variation for resistances from the mean resistance 
amounted to about =4=2%) between the two probe elec­
trodes indicates that within the limits of experimental er­
ror, the composition in that compartment did not change 
in the course of a determination.

On the basis of this analysis it is felt that the polarization 
potential as defined herein has been determined for the 
solutions and at the temperatures indicated as a function 
of current density to within ± 2 % .

Current Distribution
A. Apparatus.—The cell used for measuring the current 

distribution was as indicated in Fig. 2. The body of the 
cell was made from Lucite. The block holding the cathode- 
lets was machined from Lucite and the cathodelets were 
machined from block silver. Each cathodelet was 0.4 X 
0.4 X 1.0 cm. and the mounting block provided a spacing of 
0.1 cm. between adjacent electrodes. The anode was 
made by folding up a platinum gauze electrode which was 
coated with platinum black before runs were made.

All joints were sealed with a cement made by dissolving 
Lucite in chloroform. A thin layer of paraffin was poured 
on the bottom of the cell to assure complete sealing.

The measuring circuit is shown in Fig. 4. During meas­
urements the cell was suspended in a constant temperature 
bath.

B. Procedure.—The solutions were prepared by weigh­
ing out the approximate weight of salt which then was di­
luted to a volume of one liter with conductance water.

After the solution was placed ir. the coll, the variable re­
sistances in series with the individual cathodelets were all 
set to the same value. The current was applied at a pre­
determined value (0.00160 ampere) and after about three or

(8) R . Piontelli and G. Poli, G a z z .  c l i t m .  H a h ,  80, 107 (10">0).

/ / / . V C

Fig. 8. - ///„ ,.„  W. x/'A in a solution of silver nitrate at 25°, 
c = 0.1604 A*.

four minutes the potential drop across the variable resistors 
was measured. From the known value of the resistance and 
the determined value of the potential drop, the current 
passing through each electrode could be calculated. Select­
ing the potential which corresponded to the least current, 
that potential was divide«! by the values of the current in­
dicated on the other nine electrodes and new values for the 
resistances in series with the electrodes were calculated. 
These calculated values were set on the resistances and the 
current- applied again. The potential drop across the re­
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sistances was measured and new current and resistances 
were calculated. This process was continued until the 
difference in the potential drop between adjacent resistors 
was less than experimental variations in the current.

C. Data.—The information recorded in Table III for 
solutions of potassium argentoeyanide (numbers 1-4) and 
of silver nitrate (number 5) was obtained from this and the 
previous paper in this series.7 These data were usiai to 
calculate the theoretical current distributions using Wag­
ner’s method.

The dimensionless variable a/nrk is the ratio of an elec­
trochemical term and a geometrical term. In this case, 
with a rectangular configuration of the bath and the elec­
trodes, the geometrical term is the half-width of the cathode. 
As may be seen from the plots in Fig. 6-8, the smaller this 
ratio becomes the more uniformly the current is distributed 
over the cathode. Since for a given cell the parameter a is 
fixed, the ratio can get smaller either by the polarization 
or the specific conductance of the solution increasing. 
This too is apparent from the plots since increasing the con­

centration increases the specific conductance, without 
appreciably lowering the polarization and the plots show a 
corresponding shift toward uniformity. Increasing the 
temperature has little effect on the polarization and only a 
moderate effect on the specific conductance so that with 
solutions of approximately the same concentration the in­
crease in uniformity on increasing the temperature is not as 
great as in the case where the concentration is increased.

Tire effect of very low polarization on lack of uniformity of 
distribution is vividly shown on the plot for the solution of 
silver nitrate.

Qualitatively the method proposed by Wagner for predict­
ing current distribution over a plane cathode is correct. 
The errors in these results prevent the experimental data 
from being a rigorous check of his theory.

Acknowledgment.—The authors wish to express 
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RATE OF REACTION IN HYDROGEN, NITROUS OXIDE AND IN SOME
OTHER FLAMES
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Flat, premixed nitrogen, nitrous oxide, hydrogen ñames (some with added air) were burnt on a cooled porous burner at 
6 to 41 cm. pressure, and at 1260 to 1780°K. final flame temperature. Thermocouple traverses were made, and composition 
profiles through the flame established by probe sampling. Hydrogen atoms were estimated from the rate of formation of 
HD when heavy water was added to the reactants. Diffusion was approximately7 corrected for by binary diffusion coef­
ficients to get the rate of reaction through the flame. d[N?]/d£ was considerably faster than the pseudo-unimolecular de­
composition of nitrous oxide in the absence of hydrogen, and faster the greater the concentration of hydrogen atoms. The 
chain reactions H +  N20  —> X 2 +  OH, OH +  H> —► H>0 +  H therefore were assumed to occur. The measurements of 
[H], [N201 and <l[N2]/d£ were consistent with the rate constant k = 4 X 10ue-(l6'300  ̂ 2>°wv/e7, 1. mole-1 sec.-1 tor the reac­
tion of hydrogen atoms with nitrous oxide. Similar experiments on other flames gave a rate constant for H +  0 2 —*■ OH +  O 
consistent with the literature; and a rate constant for OH H2 —► II20 +  H about 8 times larger than for OH +  CO —► 
C02 +  H, whereas a ratio of 12 times was expected from the literature, and these agreements show that the method is 
fairly accurate.

Introduction
Tn the last two years, a good deal of effort has 

gone into measuring radical concentrations in hot 
gases in this Laboratory. We have applied one of 
these techniques to a study of the hydrogen, ni­
trous oxide flame, along with temperature measure­
ments and analyses of samples probed through the 
flame. Our results allow estimates of the rate con­
stant for the reaction between hydrogen atoms and 
nitrous oxide.

Similar experiments on other flames checked the 
method by giving rate constants which agreed mod­
erately well with expected values from the litera­
ture.

Experimental
A water cooled porous metal burner1 of 31.1 cm.2 surface 

area was mounted in a brass plate with connections through 
the plate for a spark igniter, manometer, a movable sampling 
probe and a movable quartz coated thermocouple of butt- 
welded platinum and platinum-rhodium wires, 0.0012 cm. 
diameter.1 A bell jar over this assembly could be evacuated 
and allowed burning at any desired pressure. Distances 
between the flat burner surface and the probe or thermo­
couple were measured by a cathetometer mounted outside 
the bell jar. The outside diameter of the quartz probe tip 
was 0.01 cm. or less and we did not attempt to sample 
closer than 0.1 cm. to the burner surface. Reactant gases 
were metered through critical flow orifices, and the samples

M) W. E. K askan. "fith Sym posium  on C om bustion.” Reinhold 
Publ. Cor¡)., New Y o rk , N. Y ., 1957, p. 1:51.

were taken into a sample bulb at 1 mm. pressure or less and 
analyzed on a mass spectrometer.

Correction of the Data.—The method of calcu­
lating a rate constant from our results is described 
in this and in the next section. Figure 1 displays 
the temperature and composition measurements 
through three flames, all of the same final tempera­
ture, 1700°K.. and with the same reactant composi­
tion, H2 +  0.86 N20  +  1.84 N2. Pressure in cm. of 
mercury and burning velocity in cm./sec. at the 
pressure used and at 300°K. are indicated for each 
flame.

Obviously, large diffusion currents exist. For ex­
ample, the gas contains more nitrous oxide than 
hydrogen over the first few mm. from the burner 
surface and this is possible only because hydrogen 
diffuses downstream faster than does nitrous oxide. 
After the gas has tra versed the flame, of course, dif­
fusion becomes negligible.

The diffusion velocity of the ith species is
Vi =  -(Di/Xi)dXi/6Z

and is evaluated by replotting the analyses as mole 
fractions versus distance, X\ versus Z, and deter­
mining the gradient graphically. The diffusion co­
efficients D\ are taken from Hirschfelder, et al.,2 
under the approximation that the gas is a binary

(2) J. O. Ilirschfelder, O. F . C urtis and R. B. B ird ,“ M olecular 
T heory of Gases and l.iriuids,”  John W iley and Sons, N ew Y ork, 
N. Y.. 135-1.
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mixture of nitrogen plus whichever species is being 
considered. The V\ so obtained have maximum 
values of the order of the gas velocity v for most 
components. For nitrogen, however, the gradient 
is moderate and X n2 always large, so Fn2 is always 
less than 16% of v. The gas velocity v is obtained 
from a knowledge of the mass flow pv, which is con­
stant through the flame, and from the density p 
which can be evaluated at any point since tempera­
ture, pressure and composition are known.

Given Vi and X-lt the fraction of mass flow contrib­
uted by the ith species

Gi = X i Mi(v +  V{)/Mv

can be calculated. Mi is molecular weight of the 
ith species and M  the average molecular weight in 
this formula. G\ is needed because its rate of 
change with distance through the flame is propor­
tional to the rate of appearance of the ith species 
due to chemical reaction. More exactly, the reac­
tion rate of the ith species is

(pvIMd&GJdZ

Gn2 is the best known of the Gi because V n2 is the 
smallest of the diffusion velocities; and whenever 
possible, the evaluation of a rate constant is done 
from Gn2.

(?n2 and (?no are plotted in Fig. 2 for the flames 
described by Fig. 1. It is evident that the rate of 
formation of nitrogen

[N2] = (Pv/2S)dG^/dZ ^  - [ N 20]
is smaller below 1600°K. than above. On each 
Gn2 curve, the 1600° position is indicated. The re­
action rate is greatest in all three flames at about 
1680°K., and then decreases again as the tempera­
ture approaches 1700°K.

The Chain Decomposition of Nitrous Oxide.—If 
the maximum value of d[N»]/di deduced from Fig. 
2, [N2 ]max, is divided by the nitrous oxide concen­
tration at this point, one gets a first-order reaction 
constant for the decay of nitrous oxide in the flame. 
The value of this quotient does not change appreci­
ably as one goes farther downstream from [Nsjmax- 
At 12, 21 and 41 cm. pressure, [N2]mai/[N 20  j is 
2720, 2200, 1390 sec.-1, respectively.

These values are larger than one would find in the 
absence of hydrogen. In earlier work3 a consider­
able number of decompositions of nitrous oxide 
were measured in the combustion products of lean 
flames at 1 atm. pressure and at 1500 to 1760°K. 
with [N20] about the same as in the present work. 
The results of the earlier work are correlated by 

— 4 X 10%-«.ooo/i?r =  [N.2]/[N 20]
when [H2] is small, and this, or similar expressions 
from the literature, can be taken as an upper limit 
for the rate of decomposition in the absence of hy­
drogen. At 1680°K., the equation above predicts 
ki =  450 sec.-1 ; while the rate expression of Naga- 
sako and Volmer,4 for example, would give 7ci <  
500 sec.-1. The larger values observed in the 
flames for [N2]max/[N 20] indicate a chain reaction 
of average chain length at least 3 to 6 and perhaps 
much longer.

(3) C . P . Fenimore and G . W . Jones, T h i s  J o u r n a l , 62, 178 
(1958).

(4) N . Nagasako and M . Volm er, Z . physik. Chcm., 10, 414 (1930).

Fig. 1.—Temperatures and composition traverses through 
three fiat flames. Reactant composition = H2 +  0.86N2O +  
1.84N,.

Fig. 2.—Upper curves, (7-values derived from Fig. 1 for 
three flames; lower curves, approach of [HD]/[H2] to its 
equilibrium value when heavy water is added to the reactants 
of the same three flames.

If the chain decompos.tion involves reaction 2 
H +  N20  — N, +  OH (2)

then neglecting the little nitric oxide formed, one 
can write

[N tW fN iC ] = ki +  fcflHJ
and k2 can be determined, since [H] can be meas­
ured by adding heavy water to the reactants and 
following the rate of formation of the species HD.5 
The method of [II ] determination requires that re­
action 3 be equilibrated

(5) C. P. Fenim ore and G . W . Jones, T h i s  J o u r n a l , 62, 693 
(1958).
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Fig. 3.—Traverses and (?-values for a flame containing 
added air.

el— .— i___ _j._____ i_____ i.
5 - 6  7  8  9

io V t .

Fig. 4.—Arrhenius plot, log k2 vs. l/T: A indicates values 
obtained from oxygen free flames; O are values from flames 
containing air.

H +  H20  H2 4- OH (3)
k- 3

as it is in the post-flame gas, but not in the flame it­
self. Therefore [II] is measured in the burnt gas 
just beyond the flame rather than in the flame itself.

The lower curves of Fig. 2 give the [H D]/[H 2] 
ratios obtained when a little D20  is swept into the 
reactant mixture using the nitrogen as a carrier 
gas. The vertical lines show that [H D]/[H 2] is 
still increasing after (?n2 and (?no have become con­
stant, so [H] can be determined in the post-flame 
gas. From the data plotted, we calculate [H] =  
0.85 X 10-6 mole/I. at 12 cm. pressure, 0.7 X 10-6 
at 21 cm. and 0.4 X 10-6 at 41 cm. pressure. A 
plot of [N ,W [N iO J  vs. [H] then gives a slope of 
k2 =  2.5 X 1091. mole-1 sec.-1 at 1680°K. In esti­
mating the slope, some weight is given to the re­
quirement that the intercept at [H] =  0 lie between 
450 sec.-1 and zero.

One error in calculating k2 is that [II ] is measured 
farther downstream than is [N2]inax/[N 20]. The 
easy diffusion of hydrogen atoms suggests that this 
error should not be serious, however, and some evi­
dence will be given below that [H] is essentially 
constant across most of the flame. The error due 
to the approximate nature of the diffusion correc­
tions will be considered in the last section.

Other Nitrous Oxide Flames.— Flames of the 
same reactant composition were examined at tvvro 
other temperatures and k2 evaluated just as above 
at 1600° and at 1760°K. This limited tempera­
ture range is all that is available by our method 
for pure nitrogen, nitrous oxide, hydrogen flames; 
because the flames are unstable below 1600°, and 
[H] cannot be determined in these post-flames gases 
at temperatures much above 1760°.

Flames containing added air are stable to temper­
atures several hundred degrees lower, however, and 
can bo used to increase the temperature range and, 
hence, to increase the precision in determining k2. 
In flames containing air, the chain carriers are 
mostly generated by combustion of the added oxy­
gen, [IT ] is larger than in oxygen free flames and kx 
is negligible compared to /c2[H].

Figure 3 shows the results for one typical mixture 
containing added air. The upper part of the figure 
displays the measured temperatures and analytical 
ratios. The argon, 0.2 to 0.3% of the nitrogen, is 
not plotted. The lower part of the figure shows the 
derived (?n2 and (?o2. The hydrogen atom concen­
tration in the post-flame gas was [II] =  2.6 X 
10-6 mole/1., obtaining from the H D /H 2 ratios on 
adding heavy water. The values of k2 =  [Ñ2]/ 
[N20][H ] are 12 X 108 at 1400°K., 6 X 10s at 
1310°, and 3 X 108 at 1100°.

The highest temperature value of /c2 derived from 
Fig. 3 and those from two other similar runs are 
plotted in Fig. 4, along with the data obtained from 
oxygen free flames. The k2 values derived at 1310 
and 1100° from Fig. 3 are not included in Fig. 4, nor 
are additional lower temperature values found sim­
ilarly from the other runs. If these additional 
values were plotted, they would lie close to the 
curve in Fig. 4; and this fact is evidence that, at 6 
to 10 cm. pressure at least, [H] is essentially con­
stant through most of the flame.

From Fig. 4, one obtains fc2 =  4.2 X 10''e -16-300/ 77'- 
1. mole-1 sec.-1. The error in this expression 
should not exceed 2 keal. in the activation energy. 
It should be stated that the values of k2, involv­
ing as they do the determination of [Hj by the 
addition of heavy water, depend on the value 
of the rate constant for reaction 3. If the latter 
constant were revised from its estimated 
10i2e-25.Mo/Br then £2 as determined here would 
change in the same direction and by the same 
amount. We would be surprised, however, if k2 
were wrong by more than a factor of two on this 
account; for [IT] as determined by heavy water is 
consistent with other determinations by different 
methods. The next section gives some new evi­
dence on the reliability of the [H] determination.

The activation energy which we obtain is near an 
old estimate of Melville who studied reaction 2 at 
lower temperatures and obtained rather widely dif­
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fering values by different means. He estimated 
an activation energy of 15 to 20 kcal.,6 and he did 
not propose a frequency factor.

Some Tests of the Method.—The approximate 
nature of the diffusion corrections may introduce 
an error into the rate constant and, though the 
small gradients of nitrogen should make a 50% 
error in the diffusion coefficient for nitrogen not 
too serious, there is no easy way to estimate how 
great the errors might be. One test of the method 
would be to determine known rate constants, and 
two checks of this sort have been carried out.

The first check was suggested by Fig. 3 which 
shows that when [0 2] is about Vs [N20], the 
slope of (?o2 vs. distance is about Ve that of the nega­
tive of (?n2 v s . distance. Consequently if oxygen 
disappears at flame temperatures only via reaction 4

H +  0 2 — > OH +  0  (4)

as is quite well accepted, the rate constant of re­
action 4 must be of the same order as fa at 1100 to 
1400°K. We examined three hydrogen-air flames 
in order to determine fa more accurately and found 
from the early rate of decay of <7o2, and with [PI] 
measured as before in the post-flame gas, that the 
average value of fa =  1.5 X 10s 1. mole^1 sec.-1 at 
1100°K. The variation with temperature corre­
sponded to an activation energy of 18 ±  3 kcal. 
These results are of the same order as other recent 
estimates.7

A second check involved a comparison of the 
rates of formation of water and carbon dioxide from 
mixed hydrogen and carbon monoxide fuel. The 
point of this test was that in earlier work8 we meas­
ured the rate of reaction 5 in the post-flame gas 
where diffusion effects are smaller than in the re­
action zone of flames

k'
H +  C 02 CO +  OH (5)

k-s
The ratio of fa to the rate constant for the reaction 
of hydrogen atoms with H20  or D 20  was fa/fa — 
3e~im/RT. If this ratio is divided by the water gas 
constant, one gets the ratio of the reverse rate con­
stants and concludes that at 1000 to 1200°K. the 
rate constant for OH -f- H2 ->• H20  +  H should be 
12 times larger than that for OH -f- CO -*■ C 02 -p
H. Consequently, if H20  and C 02 are formed only 
via these reactions, the ratio d[H2OJ/[H2]d£ to 
d[C 02]/[CO]d£ should equal 12 in the early part of 
the flame.

In Fig. 5 the results are plotted for a flame of reac­
tant composition H2 - f  0.2ICO -f- 0.46O2 -f  1.95A 
burnt at 6 cm. pressure with pv — 5.35 X 10~3 g ./ 
cm.2 sec. The upper graphs display analytical ra­
tios, the lowest one gives derived C-values. The 
diffusion coefficient for C 02 was calculated for bi­
nary C 02—A mixtures by Westenberg's approxi­
mation9 to Hirschfelder, et al.2 The other D were 
taken from Deo« simply by assuming an inverse

(6) H. W . M elville , J. Chem. Soc. 1243 (1934).
(7) D . E . H oare and A . D . W alsh, “ R eaction of Free R adicals in 

the Gas P hase,”  Special Publication N o. 9, p. 22, The Chem ical 
Society, London, 1957.

(8) C . P. Fenimore and G . W . Jones, T h i s  J o u r n a l , 62, 1578 
(1958).

(9) A . A . W estenberg, Combustion & Flam e, 1 , 346 (1957).

Fig. 5.—Traverses and (7-values for a hydrogen, carbon 
monoxide, oxygen, argon flame. The dashed and solid G- 
curves should coincide if d[H20]/d i =  — d[H2]/di and if 
d[C02]/d< = —d[CO)/di.

proportionality to the square root of molecular 
weight; Dh2o =  (44/18)1/2 Dco2, etc. d[H20 ] /  
[IJ2]di increases out to 0.4 cm. from the burner 
surface, but beyond this point the rate falls catas­
trophically because the reverse reaction increases 
rapidly. Similarly, d[C 02]/[CO]df decreases at 
distances beyond 0.5 cm. From 0.2 to 0.35 or 0.4 
cm., however, the relative rates should not be in­
fluenced much by the reverse processes, and one 
finds a ratio of 7 to 9 over this range as compared 
with the expected value of 12.

It seems reasonable to conclude from these two 
tests that the value obtained for fa, the rate con­
stant for H +  N20  -► N2 +  OH, is not seriously im­
paired by the approximate nature of the diffusion 
corrections.

With reference to the trustworthiness of the [H] 
determination, the effect of replacing a little of the 
hydrogen by deuterium is shown in Fig. 5. This 
interested us because the exchange reaction 6

H +  D2 — ^ HD +  D (6)
equilibrates too rapidly to use as a measure of [H] 
in the post-flame gas. But early in the reaction 
zone, it is evident that the build up of HD can be 
followed from added D 2. HD should build up at a 
rate d[H D ]/di =  fc6[H][D2] approximately. More 
exactly, if all possible reactions of type (6) are con­
sidered and isotope effects on the rate constants ig­
nored 
d [ H D ] / d f  =

*,j[H ][D ,] +  [D][H2] -  [HD]([H ] +  [D ])| 

If [D] = [H ][H D ]/2[H a], and if a region is con-
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sidered whore D 2 > >  [HD]2/4[H 2] as in the pres­
ent case, the simpler expression is adequate.

In Fig. 5, [HD] does not continue to increase; 
it attains a maximum at Z — 0.25 cm., T =  
1000°K., and then decreases again. At the maxi­
mum, the formation of [HD] due to reaction 6 is 
equal to its destruction which can be supposed to 
occur at a rate ([H D ]/[H 2]) d[H20 ]/d /. Then 
measured quantities can be combined to give the 
left-hand side of the equality

/  [HD] \ d[H20] 
V[D,][H,1/ d t

d[HD] _  
di

= h [  H]

and taking fc6 at 1000°K. from the recent litera­
ture,10 one gets [H] — 2.3 X 10~5 mole/1. at Z =  
0.25 cm.

This value of [H] can be compared with [H] as 
measured farther downstream by the heavy water 
method. At Z =  0.5 cm. [II] via heavy water was 
91% of [H] at 0.25 cm. as determined via reaction 6. 
Assuming that [H] is fairly constant across the 
flame, one can conclude that the heavy water 
method gives [H] values which are also consistent 
with values determined via reaction 6.

(10) G . Boato, G. Careri, A . Cim ino, E . M olinari and G . G . V olp i, 
J. Chem. P h ys., 24, 783 (1056).

Another indication of the degree of reliability of 
the radical determinations was obtained by Dr. W.
E. Kaskan of our group who measured [OIi] by ab­
sorption spectroscopy11 through the flame and the 
post-flame gas described by Fig. 5. In the post­
flame gas, Kaskan infers [H] from [OH] under the 
assumption that reaction 3 is equilibrated; and 
here [H] via optical measurements proved to be
2.0 ± 0 . 1  times larger than [H] obtained via the 
heavy water method. In the early part of the 
flame, [OH] can be estimated from the rate of 
formation of carbon dioxide under the assumption 
that it is formed only via the reverse of reaction 5; 
and over the range Z =  0.25 to 0.4 cm. [OH] via 
optical measurements was 0.8 ±  0.1 of [OH] via 
the rate of carbon dioxide formation. This com­
parison of [OH] is also a comparison of the heavy 
water method of [H] determination with optical 
[OH], because the rate constant k-& was obtained 
from measurements of k6 which involved [H] deter­
minations via heavy water. The two comparisons 
suggest that some error may afflict one or both of 
[H] via heavy water, or [OH] optically. But it 
would seem unlikely that errors in [H] could cause 
an error of more than a factor of two in /c2, /% /c5 as 
obtained in this or in a previous paper.8

(II) W . E . K askan, Combztstion & Flam e, 2, 229 (1958).

THERMODYNAMICS OF THE LEAD-TIN SYSTEM
B y W eston  B . K endall and  R alph  H ultgren  

Institute of Engineering Research, University of California, Berkeley, Calif.
Received D ecem ber 16, 1058

The heats of formation of solid solutions of tin in lead have been measured at 450°K. by liquid tin solution calorimetry. 
These data have been correlated with published thermodynamic data and with the phase diagram in order to establish a 
complete and reliable set of thermodynamic properties for both the liquid and the solid alloys.

Introduction
Alloy systems for which complete thermo­

dynamic data are available are few in number. 
In fact, of those simple eutectic systems of limited 
solid solubility listed in Kubaschewski and Cat- 
terall1 the only one for which the entropies of the 
solid can be computed with reasonable accuracy 
is Bi-Sn. Data of this type are certainly desir­
able because of the important role they play in the 
development of theories concerning the physical 
properties of alloys.

Up to the present time the only significant meas­
urements which were lacking for an accurate de­
termination of the entropies of solid lead-tin alloys 
were the heats of formation of these alloys. By 
measuring these in a liquid tin solution calorimeter 
it was found possible to establish for the entire 
system a complete and self-consistent set of thermo­
dynamic properties. For the phase diagram2 
see Fig. L

(1) O. Kubaschew ski and J. A . C atterall, “ Therm ocheroical D ata 
of A llo ys,”  Pergam on Press, New Y o rk , N. Y .,  1956.

(2) M . Hansen, “ Constitution  of B inary A lloys,”  2nd Edition, 
M c G ra w -H ill B ook C o., Inc., N ew Y o rk , N . Y .,  1958.

Experimental
Materials.—The lead used in this investigation was ob­

tained from the Consolidated Mining and Smelting Co., 
Ltd., Canada. The manufacturer gave the purity as 
99.999%. The tin was procured from the National 
Bureau of Standards, Washington, and had a reported 
purity of 99.997%. Spectrographic analyses made in this 
Laboratory tended to support the reported purities.

Preparation of Alloys.— A 10-g. ingot of each alloy was 
prepared by melting together at 360° weighed amounts of 
the pure components in sealed, evacuated Vycor tubes. 
The tubes containing the completely molten samples were 
agitated for ten minutes to ensure thorough mixing of the 
components, then thev were quenched in ice water to prevent 
macrosegregation. The weight losses encountered during 
the alloying process were in all cases less than 0.01%, so the 
compositions of the resulting ingots were taken to be the 
same as those of the mixtures from which they were pre­
pared. The ingots were cold-worked, resealed into Pyrex 
tubes, homogenized for two weeks at temperatures ranging 
from 20 to 35° below the solidus, and quenched in a mixture 
of Dry Ice and acetone. Microscopic examination disclosed 
no traces of a second phase, and X-ray diffraction studies 
confirmed the homogeneity of the alloys.

Calorimetry.—The heats of formation of the alloys were 
determined by liquid tin solution calorimetry. A detailed 
description of the experimental method and apparatus may 
be found in a recent publication® and will not be repeated
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T a b l e  I
E x p e r i m e n t a l  R e s u l t s

Sample 
comp, 

(at. - %  tin)
Run
no.

T  i
(°K.)

T\
(°K.)

B ath  conen. 
(at.-%  
lead)

AHso\a
(cal./g.-
atom)

A H f ,  4S o°K .
(cal./g.-
atom)

Pure lead 58-3 449.9 612.0 0.144 3748
59-3 450.8 613.0 .146 3742
59-15 450.5 613.0 .960 3693
60-15 451.3 611.0 1.021 3691

5.00 50-5 448.6 613.0 0.346 3529 —f—1/9
59-7 448.9 613.0 .552 3542 +  154

10.00 58-5 450.3 612.0 .317 3385 +263
59-13 451.6 613.0 .867 3245 +375

14.10 58-7 450.9 611.9 .477 3197 +404
59-11 447.2 613.0 .727 3180 +442

20.00 60-5 454.6 611.0 .338 3021 +505
60-13 451.5 611.1 .800 3007 +520

25.00 60-7 454.6 611.0 .506 2883 +592
60-11 452.4 611.0 .659 2893 +591

here. The samples were all dropped from a temperature of 
~450°K. into a tin-bath at ~612°K. During the alloy 
runs the concentration of lead in the tin-bath was never 
allowed to exceed 1 at. % . In these dilute solutions the 
heat of solution of the samples was found to be nearly inde­
pendent of the lead concentration so that only a small cor­
rection was necessary. The concentration effect was de­
termined by dropping pure lead samples into the bath and 
plotting the results as a function of concentration.

Experimental Data.—The results of the heat of solution 
measurements are given in Table I together with the calcu­
lated integral heats of formation of the alloys at 450 °K. 
In these calculations (Hm — HiM) for tin has been taken as 
2885 cal./g.-atom. This value is about 25 cal./g.-atom 
smaller than that derived from Kelley,4 as suggested by the 
recent work of Heffan5 on the heat capacity of liquid tin.

From these data the partial molar heat of solution of 
liquid lead in liquid tin at infinite dilution is calculated to be 
( A#Pb)6i2°K., *sn -  j = 1490 cal./g.-atom.

Evaluation of Thermodynamic Data. Liquid Al­
loys.— Kleppa6 recently has measured the integral 
heats of formation of liquid lead-tin alloys at both 
623 and 723° K. His results indicate that the heats 
of formation are independent of temperature 
over the range studied. By extrapolating his 
curve from 4 to 0%  lead he obtained (AHpb)*sn=»i — 
1350 cal./g.-atom, in good agreement with our 
more directly measured value. An earlier set of 
measurements by Kawakami7 shows more scatter 
and much poorer agreement with our above value 
of (A#pb)x8a-i; hence the data of Kleppa have 
been selected without modification.

Vapor pressure measurements on this system 
are not yet available, and e.m.f. measurements8 
are unreliable due to the very small difference be­
tween the electropositivities of lead and tin. 
However, Elliott and Chipman9 made cell measure­
ments of AEcd in the ternary system Pb-Sn-Cd, 
and performed a Gibbs-Duhem integration of the 
activity of cadmium at 773 °K. for the ratios 
Pb:Sn =  1:2 and 2:1. In this manner they were 
able to obtain the integral free energies of formation

(3) R . L . Orr, A . G oldberg and R . H ultgren, Rev. Set. In slr ., 28, 
707 (1957).

(4) K . K . K elley , U. S. B ur. M ines B u ll. 476, 1949.
(5) H. Heffan, M aster’s Thesis, U niversity  of California, 1958.
(6) O. J. K leppa, T h i s  J o u r n a l , 59, 175 (1955).
(7) M . K aw akam i, Sci. R ep . Tokok-u Im p . Univ., [I], 16, 915 (1927).
(8) R . Schaefer and F. H ovorka, Electrochem . Soc., R eprint N o. 87 

23, 267 (1945).
(9) J. E llio tt and J. Chipm an, J. A m . Chem. Soc., 73, 2682 (1951).
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Fig. 1.—Phase diagram of the lead-tin system.

1.0
Sn

at two points on the Pb-Sn binary side of the dia­
gram. If Elliott and Chipman’s values of AF are 
combined with Kleppa’s values of AII, the entro­
pies of formation of PbSn2 and Pb2Sn are found to be 
ideal within ± 0 .03  e.u. Until further data become 
available it seems reasonable to assume that the 
entropies of formation of the liquid alloys are ideal 
at all compositions (regular solution), and to 
compute the thermodynamic functions of the liquid 
alloys at all temperatures and compositions from 
Kleppa’s heats of formation.

Solid a-Phase Alloys.—The experimental results 
given in Table I are shown in Fig. 2 along with 
some more recently completed measurements of 
Murphy and Oriani10 which agree excellently.

One method of establishing the thermodynamic 
functions of the solid alloys would be to make use 
of the phase diagram and the free energies of fusion 
of lead and tin to transfer the liquid free energies 
across the two-phase region to the solidus. If it is 
assumed that the heats of formation do not vary 
with temperature (an assumption supported by the

(10) W . M urphy and R . Oriani, Acta M et., 6, 556 (1958).
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Fig. 2.—Integral heats of formation of «-phase lead-tin 
alloys.

close agreement of the two sets of measurements 
shown in Fig. 2) these values can be combined 
with the free energies along the solidus to obtain 
integral entropies of formation of the solid 
a-phase alloys.

There is an additional and independent means 
of utilizing the present heat of formation data to 
obtain the entropies of these alloys. AFsn along 
the solvus is for all practical purposes zero because 
the alloys are in equilibrium with essentially pure 
tin. Values of Ai?sn derived from, the present 
results may be combined with AFsn to obtain 
A.Ssn along the solvus. A5pb and subsequently 
AS may be obtained from a Gibbs-Duhem inte­
gration of A5sn.

An analysis of the uncertainties involved in these 
calculations would seem to indicate that it is 
somewhat better to aceept the solvus line given in 
Hansen as correct and assume that any resulting 
small inconsistency between the thermodynamic 
functions of the liquid and the solid can be attrib­
uted mainly to the assumption of ideal entropies 
in the liquid. That such an inconsistency is 
indeed negligibly small can be demonstrated as 
follows: if the free energies of the solid as calcu­
lated from the solvus line using the measured heats 
of formation arc transferred into the liquid and 
combined with Kleppa’s heats, the entropies ob­

tained are less than ideal by only 0.05 e.u. at .rsn 
0.2.1 and by only 0.07 e.u. at:csn — 0.50.

Tabulated Values of Thermodynamic Properties.
—Selected values of the thermodynamic properties 
of solid and liquid lead tin alloys are summarized 
in Tables 11 and III. The units of AF and AH are 
cal./g.-atom, and those of AS are cal./(g.-atom 
X deg.).

T a b l e  IT

L i q u i d  A l l o y s  a t  f> 2 3 °K .

(1 -  rr)P b (I)  +  arS n fl) =  [ P b (l _ *)SnJ(l)
A F AH AS an.

0.00 0 0 0.00 1.000 0.000
.10 - 2 7 0 130 . (15 0 .915 .246
.20 -4 0 0 220 .99 .847 .390
.30 - 4 7 0 280 1 .21 .785 .495
.40 - 5 1 0 320 1.34 .721 .575
.50 - 5 3 0 330 1.38 .657 .640

(± 40 ) (± 40 ) ( ±  .13) ( ±  .021) ( ±  .021)

.00 - 5 2 0 310 1.34 .584 .709

.70 -4 8 0 270 1.21 .499 .772

.80 - 4 1 0 210 0.99 .390 .840

.90 -2 8 0 120 . 65 .230 .9 11
1.00 0 0 .00 .000 1.000

T a b l e  I I I

S o l i d « - P h a s e  A l l o y s a t  4 5 ( ) ° K .

(1. -  z ) P b ( s J  +  x S n ( s )  = [ P b (i -  ,)Sm](s)
arsn AF AH AS art,

0.00 0 0 0.00 1.000 0.000
.05 -  80 170 .55 0.957 .375
.10 - 1 0 5 315 .92 .921 .647
. 15 - 1 1 5 430 1.20 .895 .793
.20 - 1 2 0 520 1.40 .871 .906
.25 -  120 590 1.5 6 .857 .962
.29 -  105 630 1.61 .847 .986

(± 5 0 ) (± 40 ) (± 0 .2 3 ) (± 0 .0 4 5) (± 0 .0 6 5 )

Summary and Conclusion
Heats of formation of solid solutions of tin in 

lead have been determined in a liquid tin solution 
calorimeter. From these data together with the 
phase diagram, and previous thermodynamic meas­
urements of liquid alloys, a consistent set of ther­
modynamic functions has been derived for both 
solid and liquid alloys. The self-consistency 
serves to confirm not only the thermodynamic 
measurements, but also the positions of solidus, 
liquidus, and solvus lines of the Pb-rieh alloys.
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ADSORPTION' OF INERT GASES BY MODIFIED CARBONS
B y  W . F. W olff and  P h ilip  H ill

Research Department, Standard Oil Company {Indiana), Whiting, Indiana
Received Decem ber 18, 1958

The adsorption of nitrogen and argon by modified active carbons has been studied by a simple desorption technique. 
j ̂ 1Vu cf r^ons modified by the deposition of lithium and various inorganic compounds behave normally; the amount of gas 

adsorbed at ordinary temperatures and pressures decreases linearly as a function of the amount of modifier. Sodium and 
potassium cause the development of an unexpected maximum in the adsorption capacity. Th s anomalous behavior appears 
to be associated with the formation of new pores.

Introduction
Active carbons have been used as supports for a 

variety of catalytically and chemically active sub­
stances. Interest in these modified carbons has 
centered on use of them as catalysts and treating 
agents; unlike the unmodified active carbons, 
little attention has been given to their physical 
adsorption characteristics.1 Such information could 
be of value both in extending our understanding of 
the nature of adsorption, and in developing im­
proved adsorbents.

To study this type of adsorption, modified 
carbons have been prepared by depositing alkali 
metals and various inorganic compounds on com­
mercial active carbons. The adsorption of nitrogen 
and argon by these modified carbons at ordinary 
temperatures and pressures was measured to 
determine changes in physical adsorption caused by 
the modifying agent.

Experimental
Commercial active carbons, designated as A, B, C and 

D, were used without purification. Carbons A and B were 
separate batches of an 8-to-14-mesh coconut charcoal sup­
plied by E. H. Sargent and Company. Carbon C was a
12-to-20-mesh active carbon from the Burrell Corporation. 
Carbon D was a 20-to-50-mesh coal-based carbon from 
Pittsburgh Coke and Chemical Company.

Substances deposited on the active carbons included 
lithium, sodium and potassium metals, sodium acetate, an­
hydrous aluminum chloride, sodium hydroxide and a sodium 
trisuifide solution prepared by boiling an aqueous sodium 
sulfide solution with an equivalent of sulfur. Gases em­
ployed were high-purity nitrogen and standard-grade argon 
from Linde Air Products Company. Desorbents used in 
measuring gas adsorption were n-heptane of 99 +  % purity 
from Phillips Petroleum Company and w-dodecane from 
Iiumphrey-Wilkinson.

The modified carbons were prepared by contacting the 
active carbon with the modifier in either a molten or gaseous 
state. This procedure is conventionally used to disperse 
sodium on inert supports.2 Glass equipment was used except 
for surfaces in contact with aqueous caustic or molten 
lithium; here, stainless-steel equipment was used. All 
operations were carried out under an atmosphere of the gas 
to be adsorbed by the finished composition.

Before depositing alkali metals, anhydrous aluminum 
chloride, or anhydrous sodium acetate, the carbons were 
dried by heating to 300° under a stream of the inert gas. 
The carbon was cooled, and a weighed amount of the modi­
fier was added. The mixture was reheated, with stirring, 
under a static gas blanket to a temperature above the melt­
ing or sublimation point of the modifier. Heating and 
stirring were continued for about one-half hour beyond the 
time required to obtain a visually homogeneous product.

Deposition of sodium hydroxide, sodium trisulfide and 
sodium acetate from aqueous solutions was carried out in a 
slightly different manner. In each case, enough solution 
to wet all of the carbon was added, and the mixture was

(1) P . H. Em m ett, Chem. R evs., 43, 69 (1948).
(2) “ High Surface Sodium  on In ert Solids,”  N ational Distillers

Chem ical C o ., N ew  Y o rk , N . Y . ,  1953.

heated under a stream of nitogen until water removal was 
complete. A temperature above the melting point of the 
modifier was maintained for one-half hour.

The modified carbons were cooled to room temperature 
under a static gas blanket. The amount of adsorbed nitro­
gen or argon at room temperature and atmospheric pressure 
was measured by desorption with either w-heptane or n- 
dodecane; this procedure has been used in studying the 
molecular-sieve properties of active carbons.3 Values given 
for the volumes of gas desorbed are uncorrected for tempera­
ture or pressure; such gas law corrections did not signifi­
cantly affect the relative size or shape of the desorption 
curves.

Surface areas and micropore volumes of the active car­
bons were determined by conventional Brunauer-Emmett- 
Teller (B.E.T.) nitrogen-adsorption techniques.4 Gas 
mixtures were analyzed by mass spectrometry.

Results
Differing amounts of aluminum chloride, sodium 

acetate, sodium hydroxice and sodium trisulfide 
were deposited on Carbc n A. Nitrogen adsorp­
tions were determined for t w o  or more compositions 
of each modifier. Figure 1 shows the change in 
nitrogen adsorption with composition. With the 
possible exception of sodium hydroxide, the amount 
of nitrogen adsorbed decreased linearly with in­
creasing concentration of 'he modifier.

Similar runs were carrisd out with lithium and 
with potassium deposited on Carbon A. In runs 
with lithium, only argon was used, to avoid com­
plications due to chemisorption. The results are 
plotted in Fig. 2. Lithii.m showed the expected 
linear decrease in adsorpt.on, but, with potassium, 
the amount of argon adsorbed increased linearly to a 
maximum and then sharply decreased. On replace­
ment of argon by nitrogen, an even more pro­
nounced maximum was ob;ained.

The results obtained when different carbons were 
used as supports for the potassium are plotted in Fig.
3. In all cases maxima were obtained, indicating 
that this phenomenon is general for potassium on 
active carbon. The differences in size and shape are 
probably associated with factors such as the 
differing surface areas and ash contents of the 
carbons.

Sodium as the modifying agent also gave curves 
with maxima. The data for sodium on Carbons A 
and C are plotted in Fig. 4. The plots are sig­
nificantly different from those for the sodium com­
pounds as given in Fig. 1; only with sodium hy­
droxide was there any evidence for even the slightest 
of maxima.

(3) W . F . W olft, “ T h e Structure and A ctivation  of G as-A dsorbent 
C arbons,”  presented a t the 133rd m eeting of the A m erican Chem ical 
Society, San Francisco, C a lif., A p ril, 1958.

(4) S . Brunauer, “ T h e  Adsorption of Gases and Vapors. V o l. I . 
P hysical A dsorp tion,”  Princeton U niv. Press, Princeton, N . J ., 1943, 
p p , 285-299.
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G R A M S  M O D I F I E R  P E R  G R A M  C A R B O N .

Fig. 1.— Adsorption of nitrogen with inorganic compounds 
on Carbon A.

G R A M S  O F  M E T A L  P E R  G R A M  C A R B O N .

Fig. 2.— Adsorption of inert gases with alkali metals on 
Carbon A.

In an attempt to establish the cause of the 
anomalous behavior of the sodium- and potassium- 
modified carbons, surface areas and micropore 
volumes were determined for three products ob­
tained after treating Carbon A with the alkali 
metals. The concentrations of metal used were 
those that had given compositions with maximum 
adsorption. Values obtained were

Surface 
area, m .V g. 

carbon

M icropore 
vol., cc./g. 

carbon

Carbon A 1035 0.434
Potassium-modified 1126 .394
Potassium-modified, water-washed 1189 .540
Sodium-modified, water-washed 1144 .559

The surface area was increased by all treatments, 
although the presence of unremoved metal might 
have been expected to cause a decrease. The 
corresponding micropore volume did show the 
expected decrease. The increases in both surface 
area and micropore volume of the water-washed 
products are consistent with earlier results.5 They 
suggest that the treatments cause substantial 
changes in the structure of the carbon. However, 
these metal-free carbons were almost identical 
with the original carbon in their adsorption proper­
ties.

Additional runs were carried out to check the 
selectivity of potassium-modified carbon as a 
nitrogen adsorbent. The data plotted in Fig. 2 
indicate that the potassium-containing composi­
tions should adsorb nitrogen preferentially from a 
nitrogen-argon mixture, whereas the original carbon 
should show little or no selectivity. Accordingly, 
mixtures of nitrogen and argon were passed through 
Carbon A and through the same carbon modified 
by enough potassium to give the adsorption maxi­
mum. The adsorbed gases then were desorbed. 
Nitrogen :argon ratios of the gas mixtures charged 
and of the adsorbed gases were

Charged Adsorbed

Carbon A 1.11 1.13
Potassium-modified 1.10 1.82

The selectivities are in qualitative accord with 
those expected on the basis of the individual plots.

Discussion
Although the adsorption plots obtained with the 

various modified carbons show differences in 
detail, all consist of linear segments. Their regu­
larity shows that the procedure employed in prepar­
ing the modified carbons and the method of measur­
ing adsorbed gas are both reproducible.

The plots obtained with modifiers other than 
sodium and potassium are the simplest, each being 
defined by a single line. If the amounts of nitrogen 
adsorbed and of modifier added are calculated 
on a molar basis the data show that many molecules 
of the modifying agent are required to prevent the 
adsorption of a single nitrogen molecule. This 
molar ratio remains constant over the entire region 
studied, where a linear relationship is valid. Ac­
cordingly, the modifying agent must be neither 
particularly attracted to nor restricted from the 
sites active in the adsorption of inert gas.

The high modifier:nitrogen ratio can be explained 
on the basis that whole regions of the carbon 
surface are involved in the inert-gas adsorption. 
The constancy of the ratio may be interpreted in 
terms of all possible adsorption sites in these regions 
being equivalent. Presumably, a specific number 
of sites are associated with an equal or smaller

(5) E . B erl, Trans. Faraday S oc., 34, 1040 (1938).
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number of modifying-agent molecules, and with a 
much smaller number of nitrogen molecules or 
argon atoms.

The structures of active carbons apparently are 
such that essentially all of the surface is furnished 
by graphitic planes.3 This type of surface is uni­
form and could, in its entirety, constitute a region 
over which all adsorption sites show equal activity. 
Alternatively, the nitrogen and argon adsorption 
may preferentially occur in the narrowest pores. 
Such pores are believed to be fissures with widths 
of the same magnitude as the effective diameter of 
the nitrogen molecule. In such an environment, 
the freedom of a gas molecule for translational 
motion would be severely restricted, and it would 
be subjected to the van dcr Waals forces of the 
bounding solid at distances approaching those in a 
liquid.

Either of these considerations might provide a 
satisfactory basis for explaining the adsorption 
plots given by most modifying agents. The same 
considerations should apply in some degree to the 
adsorption plots given by sodium- and potassium- 
modified carbons. Thus, one possible explanation 
for the development of the characteristic adsorption 
maxima is that they reflect changes in the electronic 
structure of the system caused by the modifying 
agent, the initial filling of adsorption sites being 
more than counterbalanced by the increased activ­
ity of the remaining sites. However, such an 
explanation does not account for the failure of 
lithium to behave like either sodium or potassium.

An alternative explanation is that the adsorption 
maxima are associated with the formation of new 
regions active in the adsorption of inert gas. With 
sodium- and potassium-modified carbons, new 
pores could be formed by penetration of the alkali 
metal between previously unseparated graphitic 
planes. The penetration of potassium between 
the large and closely packed planes that make up 
crystalline graphite is well established.6$ Sodium 
fails to penetrate between such large planes, al­
though a combination of sodium and ammonia is 
effective.7 For the smaller less-closely I packed 
planes of active carbon,3 this type of penetration 
would be facilitated. Thus, despite failure to react 
with graphite, sodium will react with soot.8

The B.E.T. data support the view that sodium- 
and potassium-treatment cause significant changes 
in the structure of active carbon. In the case of 
the potassium-modified carbon a 9% increase in 
surface area was obtained, accompanied by a more 
than 100% increase in room temperature adsorp­
tion of nitrogen. The results are consistent with 
the assumptions that interplanar penetration by the 
alkali metal forms new pores and that such narrow 
pores provide sites particularly active in the adsorp­
tion of nitrogen and argon. Pores of these dimen­
sions have been postulated to account for high 
initial heats of adsorption of inert gases on graphite.9

(6) A . Harold, B u ll. soc. chirn. France, 999 (1955).
(7) M . L . D zurus and G . R . H ennig, "C h em istry  of the Lam ellar 

G raphite Com pounds,”  presented at the 129th meeting of th e Am erican 
Chem ical Society, D allas, T exas, A p ril, 1956.

(8) K . Fredenhagcn and G . Cadcnbach, Z , anorg. Chem ., 158, 249 
(1926).

(9) R . M . Barrer, Proc. R oy. Soc. (L ondon ), A 16 1 . 470 (1937).

GRAMS POTASSIUM PER GRAM CARBON
Fig. 3.—Adsorption of nitrogen with potassium on active 

carbon.

0 ------------------------- 1--------- -— -----------
0  0 , 2  0 .4

GRAMS SODIUM PER GRAM CARBON.
Fig. 4.—Adsorption of nitrogen with sodium on active 

carbon.

The apparent failure of lithium to give new pores 
of this type can be attributed to the small size of the 
lithium atom.

Conclusion
Results obtained thus far seem to favor the view 

that the effect of modifiers on the adsorptive proper­
ties of active carbons is more structural than elec­
tronic. The selectivity of potassium-modified char­
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coal for nitrogen adsorption, in preference to argon 
adsorption, can be explained on this dimensional 
basis, although an electronic interpretation would 
be equally satisfactory. Further studies of these

systems, with respect to the causes of this selec­
tivity and to the nature and spacing of the sup­
ported modifying agent, should help to develop a 
better understanding of the actual forces involved.

SOLUBILITY OF NOBLE GASES IN MOLTEN FLUORIDES. 
II. IN THE LiF-NaF-KF EUTECTIC MIXTURE

B y  M. B la n d er , W. R. G rim es, N. V. Smith  and G. M. W atson

Oak Ridge National Laboratory,1 Reactor Chemistry Division, Oak Ridge, Tennessee
Received D ecem ber 19, 1958

Solubilities of He, Nc and A were measured at pressures from 1 to 2 atmospheres in a mixture of LiF, NaF and IvF (46.5- 
11.5-42.0 mole %) at COO, 700 and 800°. The solubilities increase linearly with gas pressure, decrease with increasing 
atomic weight (radius) of the solute and increase with incrciising temperature. Henry’s law constants in moles of solute/ 
(cm.3 of solution)(atmosphere) at 600° are 11.3 ±  0.7 X 10~8, 4.36 ±  0.20 X 10-8 and 0.00 ±  0.04 X 10~8 and the enthal­
pies of solution are 8.0, 8.9 and 12.4 kcal./mole for He, Ne and A, respectively. A model which equates the free energy 
of solution of the gas to the free energy of formation of holes the size of the gas molecules in a continuous fluid having the 
same surface tension as the solvent yields solubility values which are in good agreement with those observed.

Introduction
Fused salts offer a radically different solvent me­

dium for the study of gas solubilities. In this in­
vestigation the solubilities of helium, neon and ar­
gon were measured in the eutectic mixture LiF- 
NaF-KF (46.5-11.5-42.0 mole % ) at 600, 700 and 
800°. This eutectic mixture is convenient for 
study because of its relatively low melting point2 
and because of the low partial pressures of its con­
stituents over a wide range of temperatures. This 
enables one to make measurements over a consid­
erable range of temperatures and leads to a more 
accurate separation of the enthalpy and entropy of 
solution.

A previous publication3 from this Laboratory 
described the measurements of the solubility of 
noble gases in molten fluoride mixtures. In that 
report, values were given for the solubility at 600 to 
800° of He, Ne, A and Xe in a NaF-ZrF4 mixture 
containing 47 mole %  ZrF,} and a NaF-ZrF4-U F4 
mixture containing 4 mole %  UF4 and 46 mole %  
ZrF4. This work is a continuation of the system­
atic study of gas solubilities in molten fluoride mix­
tures in progress at this Laboratory with the aim of 
elucidating the solvent properties which have an 
effect on gas solubilities.

Experimental
The rare gases used were obtained in cylinders from com­

mercial sources. He was obtained from the Bureau of 
Mines at Amarillo, Texas; Ne and A were from Linde Air 
Products Company. All gases used were shown by mass 
speetrometric analysis to exceed 99.9% purity. The mol­
ten fluoride mixture was prepared from Reagent grade LiF, 
NaF and KF and purified in a closed system of nickel at 
800° by alternate flushing with anhydrous HF and II2. 
Chemical analysis of such samples yielded these data

(1) O perated for the United States A tom ic E nergy Commission by 
the Union Carbide Corporation.

(2) A , G . Bergm an and E . P . D ergunov, Compt. rend. Acad. Set. 
V R S S , 3 1 , 754 (1942).

(3) W . R . Grimes, N . V. Sm ith and G . M . W atson, T h is  Journal,
62, 862 (1958).

LiF-NaF-KF (46.5-11.5-42.0 mole %)

T k e o r .
%  b y  w t .

O b s d .

Na 6 . 4 7 . 5

K 3 9 . 8 4 0 . 1 .

Li 7 . 8 7 . 1

F 4 6 . 0 4 5 . 3

Ni 0 3 0 "

Fe 0 1 7 0 °

a Parts per million.
The apparatus and procedure are identical to those de­
scribed in a previous publication.3

Results
The solubilities and Henry’s law constants for 

He, Ne and A in the molten LiF-NaF-KF eutectic 
at 600, 700 and 800° are shown in Tables I, II and
III. Figure 1 is a plot of Henry’s law constants as 
a function of temperature. The solubility values 
could be duplicated in separate experiments to 
about ± 5 % . The solubility values are in moles of 
gas per cubic centimeter of solvent and may be con­
verted to other units as desired by use of solvent 
densities calculated from the equation4

P  (g./cm.3) = 2.47 -  0.68 X 10“ 31 (°C.)

Discussion
Solutions of noble gases afford the simplest sys­

tems for the interpretation of gas solubilities. The 
solubilities of the gases studied, all of which obey 
Henry’s law within the experimental precision of 
± 5 % , increase with increasing temperature and 
with decreasing molecular weight (or atomic radius) 
of the gas. The enthalpies of solution of all the 
gases are positive and larger the larger the atomic 
weight (radius).

It is important to calculate the thermodynamic 
properties of the solution in such a way that the 
entropy of solution of a gas is purely a function of 
solvent-gas interactions. To do this a standard

(4) S. I. Cohen, W. D. Powers, N . D. Greene and H. F . Poppendiek, 
O ak R idge N ational Laboratory, personal com m unications.
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T a b l e  I

S o l u b i l i t y o f  H e l i u m in  LiF-NaF-
MOLE % )

■KF (46.5-11.5-42.0

Tem p.
(°C.)

Saturating
pressure

(atm.)

Solubility 
X  1C*

Cmoles H e)/ 
(cc. melt)

Kv =  
c/p  X 10* 

(moles He)/ 
(cc. melt) 

(atm.)

600 2.08 22.‘. 1 0 .6

1.77 19.0 10.7
1.51 16.9 1 1 . 2

1.00 11.0 11.0
1 .0 0 .12.8 12.8

Av. 11.3 ± 0 .7
650 2.08 28.5 13.7
700 2.05 35.5 17.3

2.04 34.8 17.1.
1.75 30.8 1.7.6
1.51 26.3 17.4
0.98 17.6 17.9

Av. 17.5 ±  0.2
800 2.06 48.3 23.5

2.04 48.2 23.6
1.77 41.8 23.6
1.51 33.6 22.3
0.99 21.7 21.9

Av. 23.0 ± 0 .7

T a b l e  I I

S o l u b i l i t y  o f  N e o n  in  LiF-NaF-KF (46.5-11.5-42.0
m o l e  % )

Tem p.
(°C .)

Saturating
pressure

(atm.)

Solubility 
X 10*

(moles N e)/ 
(cc. melt)

Kp = 
c/p  X  10* 

(moles N e)/ 
(cc. melt) 

(atm .)

600 2.07 9.57 4.61.
1.49 6.42 4.30
1.01 4.20 4.16

Av. 4.36 ± 0 .2 0
700 2.05 15.06 7.36

1.51 11 .04 7.33
1.02 7.99 7.84

Av. 7.51 ± 0 .2 2
800 2.07 22.53 10.89

1.50 16.53 11.00
1.03 12.05 11.66

Av. 11.18 ±  0.26

state is chosen in terms of a number of moles per 
unit volume in both the gas and the liquid and the 
standard entropy change for the dissolution of a 
gas is that for the process

X(g,Cd)  ̂ X(<l.Cd) (A)
where X  represents one mole of gas. The sub­
scripts g and d denote the gas and liquid phases and 
Cd is the concentration of ‘ he gas dissolved in the 
liquid which is in equilibrium with the gas at con­
centration Cg. (

In the range of concentrations where the behav­
ior of the gas phase is ideal and where the solubility 
follows Henry’s law in solution, the entropy change 
for this process, is independent of the value or units 
of Cd■ This choice of standard state, which is not 
the usual one,5 eliminates the trivial contribution

TEMPERATURE (°C).

T a b l e  I I I

S o l u b i l i t y o k  A r g o n in  LiF-NaF-
MOLE % )

-KF (46.5-11.5-42.0

T em p .
(°C .)

Saturating
pressure

(atm.)

Solubility 
X 10* 

(moles A )/ 
(cc. melt)

K p  =
c/p  X  10* 
(moles A )/  
(cc. melt) 

(atm .)

600 2 .0 2 1.93 0.96
1.50 1.38 0.92
1.01 0.83 0.83

Av. 0.90 ± 0 .0 4
700 2.04 3.81 1.87

1.50 2.71 1.80
1.00 1.74 1.74

Av. 1.80 ± 0 .0 4
800 2.03 6.84 3.37

1.51 5.16 3.42
1.00 3.41 3.40

Av. 3.4.0 dh 0.03

to the standard entropy of solution which arises 
from the arbitrary choice of the concentration 
scale. The standard entropy change AS° is by this 
choice purely a function of the properties of the gas 
in the solvent studied since the only change of sig­
nificance is the environment of the gas atoms. The 
total entropy of solution of the gas, which is the 
entropy change for the equilibrium process

X(g,cw <- X(d,cd) (B)
(5) II. S. Frank and M . W. Evans, J. Chem. Phys., 13, 178 (1945).
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is given by AS =  AH/T, where AH for this process 
in the LiF-NaF-KF solvent as calculated from Fig. 
1 is 8000, 8900 and 12400 cal./mole for He, Ne and 
A, respectively. Cg is the concentration of gas in 
the gas phase in equilibrium with the liquid at a 
concentration Cd- To calculate the standard en­
tropy of solution from this one subtracts the en­
tropy change for the isothermal expansion of the gas

X(g.cg) — >  X(g,cd) (C)

from (B) to get

~  +  72 In g  =  AS0 ( l )

Values of AS0 for the noble gases are listed in Table 
IV and prove to be small as had been observed pre­
viously3 in fused salt solutions. Recalculation of 
data in the literature5 indicates that this is true in 
other solvents.

T able IV
Enthalpy and Entropy Changes on Solution of Noble 

Gases in M olten Fluoride M ixtures at 1000°K.

Solvent Gas
A H ,
cal./
mole

a S°,
e.u.

Ideal gas 
expansion

t a s ,
cal./mole

NaF-KF-LiF He 8000 - 0 . 3 8300
(11 .5 -42- Ne 8900 - 1 . 0 9900
46 .5  mole %) A 12400 - 0 .1 12500

NaF-ZrFi1 He 6200 - 1 . 0 7200
(53-47 Ne 7800 - 0 . 4 8200
mole %) A 8200 - 1 . 5 9700

Xe 11100 - 0 . 1 11200
The interpretation of these gas solubilities can be 

made using a model similar to that of Uhlig.6 Al­
though the model is naive it yields an interesting 
correlation with experiment. If a gas does not in­
teract with a liquid in which it is dissolved, then 
the free energy change upon solution is related to 
the “ surface”  energy of the hole created by the gas. 
The solubility of such a gas in a continuous fluid 
medium can be estimated from the free energy 
changes in the following steps.

1. Expand the gas from the concentration Cg 
to Cd.

AFi = +R T  In (2)

2. Shrink the gas atoms to a point and pour in 
the liquid. The free energy change for this is AFc.

3. Expand the point particles7: The free en­
ergy change for this is

AFj = kAy mic — AFz (3)
where A is the area of the hole created by the par­
ticle, Ymic is a microscopic “ surface”  tension and k 
is a constant necessary to obtain the correct units of 
energy. For spherical atoms A = 4vr2N  and JcA =  
18.08r2 where r is in A. The sum of the free energy 
changes of steps 1-3 is zero if the gas phase is at 
equilibrium with the gas in the liquid and

— RT In ^  — kAymie (4)

(6) II. II. Uhlig. This Journal,, 41, 1215 (1937).
(7) Another path is to decrease the surface tension of the liquid, 

mix it with the atoms and then increase the surface tension to obtain 
this same result as suggested by Scatehard.8

(8) G. Scatehard, private communication.

Although a real liquid cannot be considered a con­
tinuous fluid it is interesting to speculate that it be­
haves as if it were one and that Ymic is related to the 
macroscopic surface tension Tm ac- 

The area A is at least as large as the surface area 
of the spherical gas molecules. Because of thermal 
motions one would expect the size of the bole to be 
larger than the gas atom. The radii of the rare gas 
atoms in the solid9 will be a lower limit of the radius 
of the hole and the solubility calculated on this 
basis would be high. In Table V are listed the 
values of Cd/Cg calculated for the rare gases assum­
ing that Y m ic  =  Y m a c and using the radii of the rare 
gas atoms in the solid.9 The numerical values for 
the surface tensions of the solvent and of the atomic 
radii of the noble gases are given in Tables VI and
VII. A comparison in Table V of the calculated 
and measured values of Cd/Cg for solutions of noble 
gases in LiF-NaF~KF and NaF-ZrF43 shows good 
agreement in view of the oversimplified nature of 
the model. The magnitude and the variation of 
the solubility with size of the gas molecule are cor­
rectly predicted. This order of the solubility has 
not often been observed experimentally as most 
other liquids have surface tensions so low that other 
solution effects predominate. The difference be­
tween the calculated and experimental values is in 
the direction one would expect if the estimated size 
of the hole were too small except for argon in LiF- 
NaF-KF).

T able V
Comparison of Calculated and Observed V alues of

H en ry ’s L aw  C onstants

Temp. KS X 108 Kc exp.
Solvent Gas (°C.) Exptl. Calcd. Kc calcd.

TaF-ZrF< He 600 15.5 137 0.11
700 23 .3 188 .12
800 37.0 243 .15

Ne 600 8.09 45.9 .18
700 14.7 74.9 .20
800 21.7 112 .20

A 600 3.62 7 .33 .49
700 6.44 16.0 .40
800 10.6 30.2 .35

Xe 600 1.39 1.77 .79
700 2.84 4 .84 .59
800 5 .56 10.7 .52

faF-K F- He 600 8 .09 (28 .3 ) ( -29)
LiF 700 14.0 (46 .8 ) ( .30)

800 20 .3 (70 .7 ) ( .29)
Ne 600 3 .12 (3 .94 ) ( -79)

700 6.00 (8 .63 ) ( -70)
800 9.84 (16 .4 ) ( -60)

A 600 0.645 (0.146) (4 .4 )
700 1.43 (0.509) (2 .8 )
800 2.99 (1 .41 ) (2 .1 )

Xe 600 (0.011)
700 (0.057)
800 (0.212)

Kc =  Cd/C«

Thus far solvation effects have been neglected. 
Polarization of the rare gas atoms by the highly

(9) V . M . G oldschm idt, “ G eochem istry,”  O xford U n iversity  Press, 
London, 1954.
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T a b l e  VI
S u r f a c e  T e n s i o n s o f  M o l t e n F l u o r i d e  M i x t u r e s ,

d y n e s / c m .
Tem p.
(°C .) L i F - N a F - K F 0 N a F -Z r F p 0

600 (230) 128
700 (2 2 0 ) 12 0

800 (2 10 ) 1 1 2

0 Surface tension of mixtures estimated from extrapolated 
values of surface tension of pure components11 assuming addi­
tive surface tension. Surface tension measurements of this 
mixture have not as yet been made.

T able VII
Atomic R adii of Noble Gases9

H e N e A  X e

Radius (A.) 1.22 1.52 1.92 2.18

ionic salt would lead to a smaller standard free en­
ergy of solution and greater solubility of the gases. 
As the polarizability of the rare gas atoms in­
creases in the order He, Ne, A, Xe, an ion induced 
dipole interaction would cause an increasing trend 
in the ratio (Cd/C g) expt /  (Cd/Cg) caicd in this same 
order. The last column in Table V illustrates this 
trend which may be a consequence of the polariza­
tion of the rare gas atom.

Although the values of the solubility may be es­
timated in this manner, relatively large errors in the 
temperature coefficients of solubility can enter from 
even small effects which have been neglected since 
the derivative of a small number may be large. In 
the relation

dAF3
dT AS° kA ^  +  ky dT (5)

dy/dT is always negative. In Table IV the stand­
ard entropy of solution of the gases listed is small. 
Since thermal motions of the atoms of the liquid

(10) F . W . M iles and G . M . W atson, Oak R idge N ational Labora­
to ry, unpublished work.

(11) F . M . Jager, Z. anorg. Chem., 101, 177, 180, 185 (1917).

and expansion of the liquid lead to the decrease of y 
with temperature one might speculate that the 
“ surface area” of the hole created by the gas atom 
increases with the liquid expansion so that the 
product yA  is relatively constant in the solvents 
studied.

Equation 5 leads to another interesting specula­
tion. For a non-sphcrical molecule dissolved in a 
liquid, the increase of the “ surface area” of the hole 
created with an increase of temperature will be 
due not only to thermal translatory motions but 
will also be increased by the rotation of the gas 
molecules. At higher temperatures the rotation of 
the gas molecules becomes more free and the hole 
becomes larger. This would lead to a more nega­
tive entropy of solution for non-spherical molecules 
than for the spherically symmetric rare gases. This 
conclusion is consistent with observation in or­
ganic solvents.5

Conclusions
The model described, in which the free energy of 

solution of noble gases in molten salts is equated 
to the free energy of formation of holes the size of 
the noble gas atom in a continuous fluid which has 
the same surface tension as the solvent, yields solu­
bility values for the noble gases which agree with 
the measured values within an order of magnitude. 
Measurements in other solvents presently in prog­
ress at this Laboratory will be needed to test the 
usefulness of this correlation.
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HYDRIDE TRANSFER AND THE MOLECULAR WEIGHT 
DISTRIBUTION OF POLYPROPYLENE

B y  C. M. F o n ta n a1
Contribution from the Research Department of the Socony Mobil Oil Company, Inc., Paulsboro, New Jersey

Received D ecem ber 10, 1958

Evidence is presented for the occurrence of a hydride transfer reaction in the low temperature polymerization of propylene. 
The theoretical molecular weight distribution assuming equilibrium hydride transfer agrees closely with the observed dis­
tribution. The results are discussed with reference to the mechanism of Friedel-Crafta reactions and the form of alkyl 
halide-metal halide complexes.

In previous work on the polymerization of 1- 
olefins with promoted aluminum bromide cata­
lysts,2-3 it was postulated that a hydride transfer re­
action occurs in which the growing carbonium ion 
abstracts a hydride ion from a tertiary carbon atom

(1) Celanese Corporation of Am erica, Sum m it Research Labora­
tories, Summit, New Jersey.

(2) C . M . Fontana, G . A . K idder and R . J. Herold, Ind. Eng. 
Chem., 4 4 , 1688 (1952).

(3) C . M . Fontana, R . J. Herold, E . J. K in n ey and R. C . M iller, 
ibid., 4 4 , 2955 (1952).

in a formed polymer chain. This reaction leads to 
the formation of a tree-branched polymer of wide 
molecular weight distribution. The purpose of this 
paper is to present the evidence for hydride transfer 
gathered from a careful study of the molecular 
weight distribution of a sample of polypropylene. 
Theoretical treatments of the molecular weight 
distributions to be expected with and without hy­
dride transfer under various conditions of poly­
merization are also presented and compared to the 
observed distribution.
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Experimental
The preparation of the polymer sample has been pre­

viously described.® The conditions of synthesis may he 
summarized briefly as follows: Semi-continuous method, 
temperature —44°; continuous stage, residence time 30 
minutes, HBr/AlBr3 (mole ratio) 0.75, CjHe/AlBr-j (mole 
ratio) 20; batch stage, residence time 150 minutes, C3IIf,/ 
AlBr3 (mole ratio) 100. The polymer was separated in­
itially into sixteen fractions by a fractional precipitation 
method using acetone and benzene mixed solvents.

The fractionation procedure was not uniform. A frac­
tion containing the highest molecular weight material was 
prepared by three successive precipitations, each time re­
taining the precipitate and adding the extract to the remain­
ing solution. This fraction then was separated into two 
fractions (15 and 16 in Table II) with one additional frac­
tional precipitation. The remaining fractions (14-1) were 
obtained uniformly in single precipitation steps, fraction 
1 being the material finally left in solution. Subsequently, 
some fractions were separated into components but the 
molecular weights of these components were not determined. 
These additional fractionations need not be considered for 
the purposes of the analysis.

The molecular weights of the lower fractions (1-6) were 
determined by boiling point rise in benzene using the modi­
fied Men zies-Wright apparatus and method described by 
Barr and Anhornb Osmotic pressure molecular weight 
determinations on the higher fractions (7-16) were made 
using the apparatus and procedure described by French and 
Ewart.5 Toluene solvent at 26.9° was used. The mem­
brane material was No. 600 Cellophane obtained from Syl- 
vania Industrial Corporation, Fredericksburg, Va.

T a b l e  I
M o l e c u l a r  W e i g h t  M e a s u r e m e n t s  b y  t h e  M e t h o d  o f  

B o i l i n g  P o i n t  R i s e

Fraction
j

Concn. 
(wt. % )

A pparent 
mol. wt.

1 6.15 570
5.00 575
4.00 585
3.20 575
2.40 590
(0) (597)

2 7.00 950
5.33 970
3.36 1000
1.80 1030
(0) (1055)

3 7.25 1290
5.60 1350
4.05 1400
1.75 1470
(0) (1529)

4 6.33 1560
4.55 1640
2.75 1750
J .05 1780
(0) (1843)

5 7.30 2045
4.15 2250
2.10 2550
(0) (2708)

6 7.00 2550
4.60 2870
2.19 3270
(0) (3585)

Experimental Results and their Correlation
The ebullioscopic measurements are given

(4) w .  E . B arr and V. J. Anhorn, Instruments, 20, 342 (1047).
(o) D . M . French and R . H. E w art, A n al. Chcm., 19, 1(55 (1947).

Fig. 1.—Relationship of thickening power (TP 210) to molec­
ular weight for polypropylene fractions.

Table I. The molecular weights were determined 
by extrapolating a straight line obtained by the 
method of least squares to zero concentration, on a 
plot of apparent molecular weight versus concen­
tration.

The osmotic pressure measurements are given in 
Table II. The molecular weights were calculated 
from the limiting values of h/c at zero concentra­
tion using the method of least squares on a plot of 
h/c versus c. Experimental results of the frac­
tionation are summarized in Table III. A plot of 
log ( T P 2io)  versus log (molecular weight) is shown in
Fig. 1.

From Fig. 1 it is immediately apparent that a 
discontinuity exists between the molecular weight 
determinations of the two methods. As will be 
seen later, this is assumed to be due to the presence 
of low molecular weight material in the higher frac­
tions. The method of treatment thus involves a 
correction to the osmotic pressure molecular 
weights, the correction being designed to remove 
error due to the diffusion of low molecular material 
through the membrane.

A general method of treating and combining 
these results to yield the molecular weight distribu­
tion is that given by Beall.6 For the higher frac­
tions the method was modified to simplify the cal­
culations and to take into account the diffusion er­
ror in the molecular weights.

In the Beall treatment it is assumed that the 
molecular weight distribution of each fraction can 
be characterized by a binomial distribution with 
negative coefficients

= 'ST(— Ty!x!«(K“ X)̂  (D

where S is the mole fraction of total sample in the 
jtli fraction, A is the number of monomer-monomer 
bonds (DP-1), n and p are the negative binomial 
coefficients characteristic of each fraction, and q = 
1 — p. For any given separation a solubility law

(6) G . B eall, J. Polym er ScL, 4, 483 (1949).
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T a b l e  II
O s m o t i c  P r e s s u r e  M e a s u r e m e n t s

Frac­
tion

j
Concn., c 
(?•/g. sol­

vent X 10s)
H eight, h 

(cm.) h/c M ol. wt.
7 0.392 9.31 2375

.294 6.52 2218

.196 3.66 1867

.098 1.69 1724
(0) (1470) 17,300

8 0.582 11.17 2012
.388 7.15 1843
.194 2.93 1510
(0) (1286) 19,780

9 0.745 6.72 902.0
.561 4.77 850.2
.373 3.40 911.5
.190 1.50 789.5
(0) (794.1) 32,020

10 1.043 7.25 695.1
0.849 5.85 689.0

.617 4.43 684.7

.198 1.41 712.1
(0) (710.6) 35,790

11 1.201 7.04 586.2
1.009 6.20 614.5
0.496 2.85 574.6

.438 2.42 552.5

.202 1.12 554.5
(0) (543.7) 46,770

.12 1.401 3.95 281.9
1.098 3.03 276.0
0.800 2.16 270.0

.501 1.30 259.5

.206 0.53 257.3
(0) (251.3) 101,200

13 1.327 2.99 225.3
1.320 2.73 206.8
1.112 2.28 205.0
1.028 2.16 210.1
0.799 1.61 201.5

.738 1.45 196.5

.507 1.03 203.2

.4.74 0.91 192.0

.201 .44 218.9

.184 .30 163.0
(0) (185.7) 136,900

14 1.448 2.65 183.0
1.084 1.98 182.7
0.764 1.34 175.4

.482 0.81 168.0

.201 .34 169.2
(0) (164.8) 154,300

15 1.095 0.98 89.50
.782 .67 85.68
.507 .42 82.84
.216 .19 87.96
(0) (84.78) 300,000

16 0.954 0.29 30.40
.669 .19 28.40
.482 .15 31.12
.281 .08 28.47
.094 .03 31.91
(0) (30.67) 829,000

T a b l e  III
S u m m a r y  o f  E x p e r i m e n t a l  R e s u l t s  o n  t h e  

F r a c t i o n a t i o n  o f  P o l y p r o p y l e n e

F r a c ­
tion

i
Weight,®

% T I W RTP*> M ol. w t .

1 3 . 9 7 0 . 4 9 0 . 4 4 1 5 9 7
2 6 . 3 9 . 9 2 . 6 1 4 1 , 0 5 5
3 3 . 6 6 J . 1 9 . 6 4 6 1 , 5 2 9

4 5 . 0 0 1 . 3 6 . 6 6 7 1 , 8 4 3

5 5 . 0 0 1 . 6 0 . 6 9 0 2 , 7 0 8
6 3 . 0 4 I . 7 8 . 6 9 3 3 , 5 8 5
7 4 . 6 2 2 . 0 4 . 7 1 6 1 7 , 3 0 0

8 7 . 9 4 2 . 2 4 . 7 4 7 1 9 , 7 8 0

9 4 . 6 4 2 . 9 3 . 7 8 7 3 2 , 0 2 0

10 4 . 8 7 3 . 5 8 . 8 2 2 3 5 , 7 9 0

11 1 2 . 6 4 3 . 7 6 . 8 2 7 4 6 , 7 7 0
12 5 . 1 8 6 . 7 2 .866 101,200
1 3 9 . 3 6 7 . 0 0 . 8 7 2 1 3 6 , 9 0 0

1 4 9 . 2 7 1 0 . 3 3 . 9 1 8 1 5 4 , 3 0 0

15 4 . 7 6 12.6 . 9 2 3 3 0 0 , 0 0 0

16 9 . 6 6 2 4 . 0 . 9 9 8 8 2 9 , 2 0 0

® Adjusted to 100% yield. Actual yield 97.4%. Sample 
weight 455.0 g. b Thickening power and relative thicken­
ing power previously defined.3

of the form
X\ =  e-«x (2)

is assumed, where X\ is the fraction of molecules of 
size X remaining in solution and a is a constant char­
acteristic of the given fractionation.

According to the method of moments, the three 
equations to be satisfied by the parameters for any 
given fractionation where the jth fraction is ob­
tained, are

/
Si = £  S[1 -  R»] (3)

3 =  1 
3

'¡it, = 2  SwU — e -0!? " -1] (4)
i=i

3

S j ( u  +  1  -  =  X )  S u lu  +  1 -  V -  e ~ a
3 =  1

(ue~a -f- 1 — p)Rn~2] (5)
where j  denotes the fraction numbered from that of 
lowest molecular weight, R — 1 +  p(e~a — 1 ) ,u  =  
np, and where it is understood that S, R, n, p and u 
are functions of j. For the last two fractions sep­
arated, j  =  1 (solution), j  — 2 (precipitate), the 
three equations are solved for three unknowns: 
a, wi and n2. For each of the preceding fractions 
there are only two new unknowns, a and ny Beall 
proposed that the equations to be satisfied then be 
equation 3

j
bS-tui = £  Su[1 -  e-aRn~l] (6)

J= i
and

j
+  1 — Vi) =  X / +  1 — p — «~<l

3 = 1
( l i e - “ +  1 -  p)R’l~2} ( 7 )

where b is a new arbitrary parameter.
The values of S and u are calculated readily from 

the experimental data from the relationships Sj =
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Wj/kMh k =  E lF j/M j, and w =  DP — 1 =  M\f
3

42.08 — 1, where W} is the weight of the fraction, 
Mj is the molecular weight and k is determined by 
summing over all the fractions.

The Beall procedure was used for the two lowest 
and the two highest fractions. Because of the 
method of separation the two highest fractions 
formed an independent sample.

Instead of using the Beall procedure for the higher 
fractions, it is possible to find values of the con­
stants, a and n-h which satisfy equations 3 and 4 
alone.7 The procedure adopted for this calcula­
tion was as follows: for various likely values of 
e~a — 1 the functions

/ - 1
A =  X) S( 1 -  R*)

B = X) -  c~-R-~l)
3 =  1

were calculated. From these, values of It' =  
ue~~aA/B were determined with corresponding val­
ues of n' obtained from the relationships R' — 1 -f- 
p'{e~a — 1) and u — n’p ' . Using the values of A 
and nf, the values of the function R" =  ( / l /5 )1_n', 
are determined. The functions W  and R!> are 
plotted against e~a — 1 and the point of intersec­
tion gives the true value of e~a — 1. Values of R 
were then found by linear interpolation of R' and 
the corresponding values of p and n were deter­
mined. The final values were checked by equations 
3 and 4 in the form

E  S = E  SR- (8)

X) Su =  2  Sue~aRn~l (9)
3~ 1 3~1

To treat the higher fractions involving diffusion 
error in the osmotic pressure molecular weights, the 
following procedure was used: For the first such 
fraction (j  =  7) the true molecular weight was ap­
proximated by extrapolating from lower molecular 
weight values in Fig. 1. This value (mol. wt. =  
4,876) was used to obtain the distribution v>x for 
fraction 7, using S and v values calculated by means 
of the same value of k as used previously. The 
measured and corrected molecular weights are re­
lated by

where Mc is the corrected number average molec­
ular weight and M m is the molecular weight meas­
ured by osmotic pressure. From this relationship 
the value c — 129 was determined. This is the 
critical value of X corresponding to a molecular 
weight of 5470 and corresponds to the largest size 
molecule capable of diffusing through the mem­
brane in order to account for the observed osmotic

(7) A n alternative procedure would be to generalize the solubility 
law  to  include tw o arbitrary constants and use equations corresponding 
to (3), (4) and (5).

pressure. This critical size is assumed constant for 
all higher molecular weight fractions through j  =
14.

For the higher fractions, starting with j  =  8, the 
procedure was as follows: Three or four reasonable 
values of M  (assumed) were taken. For each of 
these values the parameters and the distributions 
were obtained as in the foregoing procedure, again 
using the same value of k. Values of M(caled.) 
then were determined by

A/(calcd.) =  (1 -  F)Mm
where

129 f  «
F ~  X ) * * /  E  x=o ' x=o

Values of M (calcd.) and M (assumed) were plotted 
against n and the intersection of the two curves 
fixed both M c and n. From Mc the parameters S, 
u, n, p and e~a ~  1 were determined readily as be­
fore.

Finally, a new value of k was determined for the 
whole sample using values of M c in order to de­
termine values of S} such that X>>j =  1- The final

3 -
values of the parameters, S, u, n, py 1 — c“ ° and M c 
are summarized in Table IV.

The distribution functions for each sample were 
calculated and summed to about 200 terms in the 
series

1 +  +  ( 2 ~  *)Q  ~  * )*2 +  +-r j! -r - r . . . .  -r
(X -  6)(X -  c -  1 ) . . . . ( 1  -  c)zX (11)

where e =  n -j- 1 and x =  —p/{ 1 — p), by means 
of the International Business Machines’ “ Card 
Programmed Calculator.”  Each term multiplied 
by 5(1 — p)n gives the value of <p\ at any given X. 
Values of the function <̂X at high X values were cal­
culated by

Vk = S  f ( n  +  1) ( l  +  p)  "V  A(n: -I- X)

[S r V I T (S + x)* (I2)
where n and p are the absolute values of n and p and 
T is the gamma function. The distributions are 
shown in Fig. 2, together with the over-all sample 
distribution (circles) obtained by summing the 
fraction distributions. It may be observed from 
Fig. 2 that the number distribution follows closely 
an inverse square law with increasing molecular 
weight over the range of DP from 20 to about 
20,000.

Theoretical Molecular Weight Distributions.—
Theoretical molecular weight distributions were 
derived for two extreme cases (1) assuming no 
hydride transfer and (2) assuming hydride transfer 
to be sufficiently rapid that the carbonium ion 
carbon may be considered to be statistically dis­
tributed over all polymer molecules. Both treat­
ments presume a slow growth of many polymer 
chains throughout the reaction time, a picture con­
sistent with the results of a previous kinetic study 
of the polymerization of propylene with promoted
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Table IV
Values of Constants Calculated from the Experimental Data

s U — n -v (1 -  e ~ a ) M e

1 0.2773 13.18 2.207 5.972 40.84 597
2 .2525 24.07 3.542 6.796 40.84 1,055
3 .09981 35.34 0.9653 36.61 8.76 1,529
4 .1131 42.80 1.699 25.19 7.28 1,843
5 .07696 63.35 0.5844 108.4 3.78 2,708
6 .03535 84.19 .5609 150.1 1.45 3,585
7 .03950 114.9 .4478 256.6 1.40 4,876
8 .04438 176.3 .4446 396.5 1.303 7,460
9 .01560 293.8 .2661 1,104 0.387 12,405

10 .01177 409.2 .3253 1,258 .261 17,260
11 .01971 634.7 .3705 1,713 .373 26,750
12 .004445 1,154 .1910 6,042 .0712 48,600
13 .005035 1,841 .2235 8,238 .0730 77,500
14 .003410 2,693 .3553 7,580 .0433 113,350
15 .0006617 7,128 .9751 7,310 .5908 300,000
10 .0004857 19,704 1.925 10,238 .5908 829,200

aluminum bromide at low temperatures.8
7opq

bN  ,-c

treatments also imply no chain termination or 
other chain transfer mechanism.

(a) Without Hydride Transfer.—Consider the 
statistical distribution of N  molecules of monomer 
among c growing chains, the probability for any 
given monomer adding to a given chain being l/c. 
In a batchwise polymerization, the probability of 
obtaining the nth-mer, which is the resulting mole 
fraction of nth-mer in the polymer, is given by 
Bornouilli’s theorem

P n = IV!

n\(N — n)\ <»>
where n is the degree of polymerization.

Applying the Stirling approximation to the fac­
torials in the form n! =  nne~ny/2irn} and letting 
N  —>■ co, e ->• oo; and N/c — s, (the olefin-to-cata- 
lyst ratio) the resulting distribution function be­
comes

Pn =
V2i & (14)

For a continuous polymerization stage (CFSTR), 
the distribution may be obtained from equation 14 
by multiplying by e~a/s'/s' and integrating over s, 
where s' is the oiefin-to-catalyst mole ratio. The 
result is

Pn' = (s' +  l)B+1 (15)

If the continuous stage is followed by a batch 
stage (semi-continuous method) the final distribu­
tion is

P  <> _  v  p  P  '  -  V  e-H n~rsr
~ r%  l~ ~ r=o (» -  r)!(« +  I / +I

£  Ar/r! (10){s +

where A = t(s +  l)/s , t is the ratio of olofm-to-cata- 
lyst in the batch stage and s is the ratio of olefin to 
catalyst in the continuous stage.

The distribution (16) was calculated using the 
parameters corresponding to the experimental con­

es) C. M. Fontana and G. A. Kidder, J . A m . C h em . S o c ., 70, 3745 
(1948).

— 2

-3

•à-
taO —6

-8  -

-9

0<>'0 /CS^

10

-11
0 1 2

lo g  D P  =  lo g  (X -f- 1 ).

F ig . 2 .— T h e  d istr ib u tio n s : c ircles re p rese n t th e  m o s t  
p ro b a b le  e x p e rim e n ta l d istrib u tio n  o b ta in e d  b y  s u m m in g  
th e  in d iv id u a l p ro b a b le  d istrib u tio n s  o f  th e  fra c tio n s .

dirions t — 133.3, $ =  26.67 and the results are 
given in Fig. 2 as curve A.

(b) With Equilibrium Hydride Transfer.— In a 
continuous flow reactor under conditions of equi­
librium with respect to hydride transfer, there are 
n/s carbonium ion carbons associated with the P n, 
nth-mers. At steady-state conditions
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dPn . n -  1
ffiT "  k' ~ l T P»_, - h - P n  ~k4Pn = 0 s (17)

where /ci is the rate constant for the addition of 
monomer, and /c4 is the rate constant for removal of 
macromolecules ( =  rate constant for addition of 
catalyst). The distribution function is the solution 
of equation 17, or

Pn
A

n{n +  1) (IB)

where A is a normalization constant (A = 1 for X) 

Pn = 1).
If the continuous stage is followed by a batch 

stage, the differential equation to be solved is
dPn
di

and its solution is

Pn = A

n -  l p n p 
s +  r  "~1 s +  t ln (19)

[1 -  (1 -  y )”( l  +  nxj)} (20)n(n +  1 )y
where y — s/(s t), s and t are the olefin-to-cata- 
Iyst ratios in the continuous and batch stages, re­
spectively, and A is a normalization constant (A =

co
1 for XI Pn =  !)• This is the distribution function 

i
for semi-continuous polymerization assuming equi­
librium hydride transfer.

Discussion
Following its initial discovery,9 the hydride trans­

fer reaction is now generally recognized in various 
high temperature carbonium ion reactions such as 
catalytic cracking, isomerization and conjunct 
polymerization of hydrocarbons.10 In alkylation it 
forms an essential step of the carbonium-ion mech­
anism. Recently, it has been postulated to occur at 
low temperatures ( — 80°) in the self-alkylation of 
isobutane in the system HF-BF3.a However, its 
occurrence in low temperature polymerization with 
promoted aluminum bromide appears to be unique 
and forms the basis for the synthesis of some novel 
polymers from 1-olefins.2-3 Heretofore, the evi­
dence for the occurrence of hydride transfer in low 
temperature polymerization, although convincing, 
has been mainly qualitative. In this paper more 
quantitative evidence is considered.

On comparison of the theoretical curve A, assum­
ing no hydride transfer, with the experimental dis­
tribution it is found that this theory is wholly in­
adequate to account for the wide molecular weight 
distribution observed. Moreover, it is difficult to 
find reasonable reactions, other than hydride trans­
fer, which can account for such a high poly-dispers- 
ity.

The theoretical curve B, assuming equilibrium 
hydride transfer, agrees very well with the observed 
distribution except at very low and at very high 
molecular weights. The discrepancy at the low 
molecular weight end (which results in A = 2  in­
stead of A = 1), can be largely accounted for by

(9) P. D. B a rtlett, F. E . Condon and A . Schneider, ibid., 66, 1531 
(1944).

(10) For a recent review see L. Schmerling, In d . E ng. Chern., 45, 
1447 (1953).

(11) C . K . Donnell and R. M . K ennedy, J. A m . Chem. Soc., 74, 
4162 (1952), and previous papers of this series.

the prior removal of small molecules in the strip­
ping operation. Thus, assuming that the partial 
pressure of any one component is no greater than 
about 1 mm. at 250°, the mole fraction of each com­
ponent in the finished polymer would be limited ap­
proximately to curve C (Fig. 2). This result is 
strongly suggestive that the observed maximum in 
the molecular weight distribution was caused by 
removing the polymer product. If it is assumed 
that the distribution of unrcmoved polymer is cor­
rectly given by the distribution law (equation 24) 
with A = 1 at the low end, and that low molecular 
weight components were removed under the con­
ditions described above, the amount of polymer 
removed can be calculated readily. The result 
shows that 45.5 mole %  or 3.1 weight %  of the 
original polymer could have been removed in this 
way. This would account for the observed discrep­
ancy at the low molecular weight end.

It is instructive to compare the observed average 
degree of polymerization (DP) with the experi­
mental monomer-to-catalyst ratio. From the re­
sults in Table IV, DP = X M C =  99.1. Assuming

3
the original distribution to be given by equation 20

with A =  1 , D P =  £ n P „ =  1 +  1 ( E - A t  -  l )  
T  y\ i n +  1 /

=  54.8 (ttf =  30,000). Correcting the observed dis­
tribution for loss of light material as above, the_cor- 
rccted value for the original polymer becomes DP =  
55.7. Thus, while the average degree of polymeri­
zation is somewhat uncertain, due to the uncertain­
ties in the distribution at the low end, the more 
probable figure is about 55. This is nearly one- 
third the monomer-to-catalyst (promoter-limited) 
ratio used experimentally. (This means that pos­
sibly three macromolecules were formed per pro­
moter-catalyst couple). This may indicate a slow 
inactivation of randomly situated carbonium ions 
due to the formation of resonating carbonium ions 
of the type

H CH3 II CH3 H CH,
I I  I I  I I

R—C—C——O—C——C — C AlBr«“
| 5+ 5+ 1 +

II

a process which requires two proton transfers (pre­
sumably to monomer, starting a new chain) for 
each catalyst-promoter couple inactivated. It is 
also indicated that other proton transfer reactions 
are not predominant under these conditions of poly­
merization.

The discrepancy between theory and experiment 
at the high molecular weight end of the distribution 
is believed to be due to failure to establish equili­
brium with respect to hydride transfer during chain 
growth. Since the hydride transfer reaction is one 
between macromolecules, the rate of reaction must 
decrease with increasing size as a result of steric 
effects. At some size the rate of hydride transfer 
will not be sufficiently high to enable the macro­
molecule to accumulate its equilibrium portion of 
carbonium ions. This should result in a slight 
positive deviation from theory at molecular weights 
below a critical limit and a large negative deviation
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above this limit. This is approximately what is ob­
served.

The extent of isomerization of carbonium ions 
during chain growth in this polymerization system 
remains an open question. Certain limitations in 
the rate of isomerization, however, are indicated. 
Thus it may be seen readily that a catalyst which 
isomerizes sufficiently rapidly during chain growth 
so as to eliminate all tertiary hydrogens, could not 
subsequently promote an intermolecular hydride 
transfer reaction and would not yield polymers of 
this type.

The present picture of polymer growth, if ac­
cepted, does lead to some interesting conclusions 
with respect to the nature of carbonium ion com­
plexes in hydrocarbon media. It is clear that no 
appreciable concentration of free carbonium ions is 
allowed, otherwise equilibration with respect to 
hydride transfer would involve a very different dis­
tribution due to the accumulation of positive 
charge on a single molecule. Of course, energetic 
considerations aione rule out this possibility in hy­
drocarbon media.

The requirement of random distribution of car­
bonium ion complexes can be met if it is assumed 
that the complexes exist either as ion pairs or as co­
ordinated complexes, or both. However, if more 
than one form of the complex exists and it is as­
sumed that only one form reacts, then it is neces­
sary that a reasonably rapid rate of interconversion 
exists, otherwise the postulate of random addition 
of monomer could not possibly be valid. If the 
two forms are assumed to be essentially at equilib­
rium, the picture is inconsistent with the previous 
kinetic results.8

The kinetics of polymerization are explained on 
the basis of a rapid and reversible association of 
monomer with complex, followed by an unimolecu- 
lar, rate-determining rearrangement step. The 
sum of the concentration of complex and monomer- 
associated complex is assumed constant. This sum 
will not be constant if the active complex is in equi­
librium with an appreciable amount of a non-reac- 
tive complex. One is thus led to examine the valid­
ity of the postulate, commonly assumed, that alkyl 
halide-aluminum halide complexes exist in two 
forms.

From a theoretical standpoint, Fairbrother12 
considered the question of the existence of the tran­
sition of covalent alkyl halide to ionic alkyl halide 
brought about by electrophilic metal halides. In 
considerations of this kind it is generally assumed 
that if the hypothetical potential energy curve for 
the ionic state is lowered sufficiently by solvation 
so that it crosses the hypothetical potential energy 
curve for the covalent state, there exists the possi­
bility of two states with a potential energy hump 
between them. These theoretical considerations 
all seem to be inconclusive because it apparently is 
impossible to determine whether or not the reso­
nance interaction between the hypothetical states 
will be high enough to yield only one minimum in

(12) F. Fairbrother, J. Chem. Soc., 503 (1945).

the potential energy curve as a function of carbon- 
halogen distance.

On the other hand, all the experimental evidence 
of which this author is aware is consistent with the 
view that only one form exists for any given com­
plex. Fairbrother12 interpreted the substantial 
increase in polarization of ethyl bromide upon addi­
tion of aluminum bromide in cyclohexane solution 
to be due to the formation of a relatively small per­
centage of ion pairs. Alternately, these results could 
be interpreted by assuming the formation of a sub­
stantial amount of a less polar complex. Fair- 
brother and Wright13 find the trityl bromide-stannic 
bromide complex to be mainly ionic. There was no 
evidence for the covalent complex, although a rel­
atively small amount was considered possible. 
Bentley and Evans14 report the trityl chloride-mer­
curic chloride complex to be mainly ionic. From an 
examination of the properties of 1 : 1  complexes of 
gallium chloride and aluminum halides with primary 
alkyl halides, Brown, et al.,lb conclude these addition 
compounds exist primarily in non-ionic form and 
undergo ionization only slowly, if at all. However, 
in this same paper, two different mechanisms of 
alkylation of aromatic hydrocarbons are proposed, 
based essentially on the premise that two types of 
alkyl halide-metal halide complexes exist. The 
existence of only one such complex would clearly re­
sult in one mechanism of alkylation, a mechanism 
identifiable with Swain’s concerted displacement 
mechanism. 16 After about seventeen more papers 
on the catalytic halides, Brown, et al.,11 still have not 
found positive evidence for the existence of two 
distinct forms of the metal halide-alkyl halide com­
plexes.

More recently, the idea of two separate forms of 
certain complexes has been invoked more generally. 
For example, WinsteinV8 formulation into classes I 
(covalent) and II (internal ion pair) is analogous to 
the above. The same question is also involved in 
controversial mechanisms of substitution19 at a 
saturated carbon atom. However, further discus­
sion of this question is beyond the scope of this 
paper.

On the basis of presently available evidence, it is 
believed that, in general, only one form of a metal 
halide-alkyl halide complex exists, a form which is 
neither purely ionic, nor purely coordinated, but a 
resonance hybrid of these two extremes. This 
view is consistent with the previously expressed 
views on the nature of carbonium ion-anion bonds 
discussed in connection with the mechanism of 
hydride transfer. 3

(13) F. Fairbrother and B. Wright, ib id ., 1058 (1949).
(14) A. Bentley and A. G. Evans, Research, 5, 535 (1952).
(15) H . C. Brown, H. W. Pearsall, L. P. Eddy, W. J. Wallace, M. 

Grayson and K. L. Nelson, Ind. Eng. Chem., 45, 1462 (1953), and 
previous papers.

(16) C. G. Swain and W. P . Langsdorf, Jr„ J. Am. Chem. Soc., 7 3 , 
2813 (1951), and previous papers of this series.

(17) F. R. Jensen and H. C. Brown, J. Am. Chem. Soc., 80, 3039 
(1958).

(18) S. Winstein, E. Clippinger, A. H. Fainberg and G. C. Robinson, 
Chemistry and Industry, 664 (1954).

(19) E. P. Hughes, C. K. Ingold, S. F. Mok, S. Patai and Y. Pocker, 
J. Chem. Soc., 1265 (1957) and related papers.
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PARTIAL VAPOR PRESSURE AND ENTROPY OF SOLUTION OF IODINE
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Measurements of the partial vapor pressure of iodine at 25° from its solutions in CCh and CS2 are reported giving values 
for (8 In P2 /d In x2) t of 0.98 and 0.86, respectively. These are combined with values of R(d In x2/d  In T ) from solubility 
to give for the entropy of solution of solid iodine, 21.5 and 16.2 cal. deg.-1 mole-1, respectively. These values are inde­
pendent of the assumptions contained in regular solution theory, including extrapolated properties of liquid iodine.

The senior author, 1 in 1952, called attention to 
the straight lines obtained by plotting log x2) 
where x2 is the solubility of a non-polar solid, such 
as iodine, against log T, instead of the usual l/T, 
and he and Scott2 in the same year discussed the 
entropy of solution of the solid as given by the 
purely thermodynamic relation

a denotes activity referred to pure liquid solute as 
standard state. The factor, d In a2/d In x2 was 
estimated by aid of the regular solution equation 

In <z2 — In Xi +  v2$ i ^ ( — hy/R T  (2)
v2 denotes molal volume of the solute as supercooled 
liquid; the S’s are solubility parameters. This 
factor is unity when Henry’s law is obeyed, which 
is practically the case where the solubility is small. 
We calculated 0.96 in CC14, 0.98 in C7H16 and 0.998 
in C7Fi6. In CS2, however, it fell to 0.81.

Hildebrand and Glew3 found that a plot of 
R(d In x2fd  In T) against —log x2 for iodine solu­
tions gives a straight line, beginning with CS2, 
through a tenfold range in x2. The linear range 
was later extended to 50-fold by Shinoda and Hilde­
brand. 4

The present study was undertaken in order to 
convert R(d In a2/d In T)sat to entropy in the case of 
the CS2 solution by a direct, experimental evaluation 
of the Henry’s law factor. For this, we replace 
d In a2/b In x2 by d In p2/d In x2, where p2 is the partial 
vapor pressure of iodine from its solution.

Experimental
The partial vapor pressure of iodine was determined by 

extracting and titrating the iodine vapor from a large flask, 
3.126-Iiters capacity, connected by a wide neck with a small 
bulb, 200 cc., holding the solution. The latter was im­
mersed in a thermostat maintained at 25.000 ±  0.001°; 
the flask was above the water in an air thermostat held at 
26.00 ±  0.05° to prevent condensation upon its walls. 
This difference of 1° was found to be adequate.

The two vessels were connected by a ground-glass joint, 
sealed vacuum tight with Apiezon wax. Both vessels were 
thoroughly cleaned and dried. A solution was placed in 
the lower one; the two vessels were connected and sealed; 
the solution was frozen in a Dry Ice-alcohol bath, and the 
apparatus was evacuated through a capillary tube in the

(1) J. H. Hildebrand, J. Chem. Phys., 20, 190 (1952).
(2) J. H. Hildebrand and R. L. Scott, ibid.. 20, 1520 (1952).
(3) J . H. Hildebrand and D . N . G lew , T h is  J o u r n a l , 60, G18 

(1956).
(4) K6zo Shinoda and J. H. Hildebrand, ibid., 62, 292 (1956).

neck, which was then sealed off. The apparatus was 
placed in position in the double thermostat. After about 
24 hours, with frequent agitation, equilibrium was reached. 
The apparatus was removed, and the bulb3 quickly sepa­
rated. The mole fraction of iodine in the solution was de­
termined by titration in the usual manner. The vapor of 
iodine was absorbed in KI solution, using successive por­
tions until there was no further coloration. The vapor 
pressure of iodine was calculated upon the assumption that 
at these dilutions it obeys the ideal gas law. The validity 
of this assumption is attested by the fact that our value for 
the saturated solution, 0.305 mm., agrees well with the 
vapor pressure of solid iodine, 0.309 mm., determined by 
Gillespie and Frazer,* using a flexible diaphragm.

We made preliminary measurements with CCh solutions, 
and also with solutions in CHBr3. The results in the latter 
were somewhat scattered, possibly on account of insta­
bility of the solvent, and were not sufficiently reliable for 
our purpose. The data for the other two solutions are given 
in Table I.

T a b l e  I
P a r t i a l  V a p o r  P r e s s u r e s  a n d  M o l e  F r a c t i o n s  o f  I o d i n e  

a t  25°
CCh CS,

7>2 (mm.) 100̂ -2 Pt (mm.) 100̂ 2
0.076 0.271 0.086 1.38

.138 .518 ( .172) 2.29

.181 .679 .191 3 .22

.234 .893 .264 4.63

.305 1.148 .282 5 .00
.305 5.46

A plot of log pi against log x2 gives a curved line in the 
case of the CS2 solution, but log {pi/xf) against xp  gives a 
straight line with a slope of 0.60. All points except the one 
in parentheses in Table I fall closely upon this line. From 
this we calculate d In p2/d In x2 — 0.86, with which the 
earlier, indirect figure, 0.81, is in fair agreement.

Table II gives the entropy of solution of solid iodine as 
determined from these data.

T a b l e  II
E n t r o p y  o f  S o l u t i o n  o f  S o l id  I o d i n e  a t  25°

Solvent
/  ö In 7)2\ 
\5 In x%) r

R(b\n Xi\
\ ö in r A a t

82 -* S2» 
cal. deg.” 

mole~l
CCh 0 .98 21.9 21 .5
c s 2 0.86 18.8 16.2

We defer discussion of these values of entropy till we have 
the results of a study nearly completed which will enable us 
to take into account the contribution of expansion to entropy 
of solution in these and other cases.

This research has been supported by the National 
Science Foundation.

(5) L. J. Gillespie and L. II. D. Frazer, J. Am. Chem. Soc., 68, 2260 
(1936).
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THE DISSOCIATION PRESSURE OF ALUMINUM CARBIDE1 2 3 4
B y  D a v id  J. M e sc h i a n d  A l a n  W . S e a r c y

Department of Mineral Technology, University of California, Berkeley, California 
R ece iv ed  D ecem b er  2 7 , 19S8

The vapor pressure of AI4C3 has been measured in the region from 1500 to 1800°K. by means of the Knudsen effusion 
method and of a torsion method. a H° at 1600°K. was calculated for the reaction Al4C3(s) — 4Al(g) +  3C(s) by means of 
the second law and the third law, and respective values of 89 ( ± 3 )  kcal./mole A1 and 87 ( ± 3 )  kcal./mole A1 were obtained. 
The results indicate carbon content of no more than 2%  in the vapor when aluminum carbide is dissociated at 1600°K.

Some years ago, attempts were made to prepare 
aluminum by reaction of the oxide with carbon 
and subsequent distillation of aluminum from 
the product carbide.2-4 The metal thus obtained 
contained a high percentage of carbon as an im­
purity. Since carbon has a low vapor pressure at 
the temperature of the experiments, the presence of 
so much carbon in the condensate appeared to in­
dicate an important gaseous aluminum carbide 
molecule. Zeeman has since found and analyzed 
the spectrum of A1C,5 but the dissociation energy 
that he reported for this molecule was much too low 
to account for the reported concentration of car­
bon in the vapor from aluminum carbide dissocia­
tion.

Because no other metal was known to form a 
gaseous carbide molecule, further investigation of 
the vaporization of aluminum carbide appeared to 
be of great interest. Dissociation pressure meas­
urements, vapor molecular weight determinations 
and material balance studies accordingly were ini­
tiated. While this work was in progress, a mass 
spectrographic investigation of the existence and 
stabilities of gaseous aluminum carbides was re­
ported by Chupka and his co-workers.6 Their 
work will be referred to in the course of the paper.

Experimental
Dissociation pressures for aluminum carbide were meas­

ured by two techniques: the Knudsen technique and the 
torsion cell technique as described by Searcy and Freeman.7

The Knudsen method requires a knowledge of the mo­
lecular species present; the torsion method does not. 
Theoretically, then, these two methods used together would 
give both the vapor pressure and an average molecular 
weight of the vapor. However, the inaccuracies inherent 
in the two methods are great enough so that a small percent­
age of a particular species cannot be detected unless its 
molecular weight is very different from that of the other 
species present.

The cell used in the Knudsen studies consisted of a graph­
ite crucible fitted with a graphite lid through which an orifice 
had been drilled. The crucible itself was placed in a graph­
ite casing and covered with a thin disk of graphite. This 
disk had a hole centered over the orifice in the lid to allow the 
vapor to escape. Thus, with the exception of the small area 
immediately surrounding the orifice, the cell proper was 
completely covered.

The assembly was heated in vacuo by means of a radio­
frequency induction heater. In an effusion cell of uniform

(1) T h is w ork w as supported b y  the M etallu rgy and M ateria ls 
B ranch of the A tom ic E n ergy Com m ission.

(2) W . D . T readw ell and A . G yger, H elv , C h im . A c ta , 16, 1214 
(1933).

(3) W . D . Treadw ell and J. Ila rtn a gel, ib id ., 17 , 1384 (1934).
(4) O . R uff, E . Jellinek and T . Foehr, Z . E lek tro ch em ., 24, 157 

(1918).
(5) P . B . Zeem an, C a n . J .  P h y e . , 32, 9 (1954).
(6) W . A . Chupka, J. B erkow itz, C . F . G iese and M . G . Ingliram , 

T h is  J o u r n a l , 62, 611 (1958).
(7) A . W. Searcy and R . D , Freem an, J .  A m . C h em . S o c ., 76, 5229

(1954).

diameter the lid tended to be somewhat cooler than the 
bottom of the crucible. To rec uce this temperature gradient 
and thus prevent aluminum carbide formation on the under 
surface of the lids, the upper part of the graphite casing was 
made; larger in diameter than the lower part and was covered 
with tantalum sheet which acted both as a radiation shield 
and a susceptor. When these precautions had been taken, 
no deposit could be detected cn the lid. To test the back­
ground cell weight losses, a easing which permitted two 
cells to be heated at once was used in one of the series of 
runs. An empty cell was placed in the casing upside down, 
followed by a graphite spacer. The cell containing the 
sample was then placed on top. Experiments with two 
empty cells in this assembly demonstrated that both cells 
gained or lost approximately the same weight in a given 
cycle. The empty lower cel. thus provided a correction 
for cell weight changes due to background effects.

Techniques and apparatus used in determining the vapor 
pressure by the torsion method were essentially those de­
scribed by Searcy and Freeman,7 except that resistance 
heating was substituted for induction heating. This change 
was made to avoid the erratic oscillations caused by the 
strong electromagnetic field 0: an induction heater.

A vertical tube of 10 mil tantalum sheet served as the re­
sistance element. The heating element and cell were en­
cased in a water-cooled metal can to the top of which was 
attached a vertical glass tube about three feet long and ap­
proximately four inches in diameter. A side arm on this 
tube connected the system to the vacuum pumps. A 
vacuum of approximately 10“*> mm. could be obtained.

The torsion wire was attached to a glass cap which was 
fitted to the top of the tube by a standard taper joint. An­
gular deflections were read by means of a mirror mounted 
on the cell suspension.

The torsion cell itself was identical in design to that de­
scribed by Searcy and Freeman, except that the cell was 
not covered by a metal radiation shield.

Torsion fibers were 2 mil tungsten wires approximately 
34 cm. long. The torsion constants of the fibers were 
usually about 3 dyne cm. per radian.

Torsion experiment pressures were calculated by means of 
the formula: P  — 2DY/(dlai +  d^af), where P  is pressure, 
D is the torsion constant of the ’wire, Y  is angular deflection, 
d is the moment arm of the orifice, and a is the area of the 
orifice.

In both the Knudsen and torsion techniques, account 
must be taken of the fact that the orifice is not a hole in an 
infinitely thin plate, but is actually a channel of finite 
length. The channel length corrections are different for 
the two techniques. Derivation and evaluation of the 
correction factors are discussed by Freeman and Searcy in a 
previous paper.8

Aluminum carbide was synthesized in the ceils from 
aluminum powder and excess graphite powder. The alumi­
num, a sample kindly provided by the Aluminum Company 
of America, contained no more than 0.005% impurities, 
these being mostly Cu, Fe and Si. The graphite was 
National Carbon, grade SP-2, special spectroscopic quality 
powder. The powders were mixed directly in the cells and 
heated in vacuo to 1000° or higher for approximately a half- 
hour in order to form the car aide. An X-ray powder photo­
graph made of a sample prepared in this manner showed 
only lines due to AI4C3 and graphite. To prevent hydrolysis 
of the carbide, exposure to atmospheric moisture was 
avoided except for the brief periods necessary to transfer 
the cells to and from the vacium line.

All temperature readings were made by means o f a Leeds 
and Northrup optical pyrometer.

(8) R. 1). Freeman and A. W. Searcy, J. Chem. Phys., 22. 762 (1954).



1176 David J. M eschi and Alan W. Searcy Vol. 63

Fig. 1.— 1 ¡T  vs. pressure.

Orifice { 2  §  g
Area, cm.2 0.0460 0.0165 0.00477

l/T  X  104.
Fig. 2 .— \/T X  104 vs. pressure: O, torsion run 1; ©, torsion 
run 2; 3 , torsion run 3; + ,  Knudsen run, orifice C.

Dissociation Pressure Results.— Knudsen vapor 
pressure measurements were made on four different 
samples with the use of three different orifice sizes. 
Results of these three runs are plotted in Fig. 1. 
Pressures were calculated on the assumption that 
the vapor was monoatomic aluminum. The quoted 
orifice areas are the actual areas multiplied by a 
Clausing factor which corrects the Knudsen equa­
tion for the effect of a wall of finite thickness.8'9

The Knudsen method requires the assumption 
that the amount of vapor which effuses through the 
orifice is too small to lower the pressure within the 
cell appreciably below the equilibrium value. 
Either the formation of a protective coating of

(9) 8. D ushm an, “ Scientific Foundations of Vacuum  T ech nique,’ 
John W iley and Sons, N ew Y o rk , N . Y ., 1949, p. 99.

graphite on the aluminum carbide or a slow step in 
the evaporation process could reduce the rate of 
evaporation of aluminum enough to render the as­
sumption invalid. It is evident from the plot that, 
with the two larger orifices at least, the equilib­
rium pressure was not attained.

After each of the series of runs, the sample in the 
Knudsen cell was examined. In all cases a layer of 
graphite several millimeters thick was found at the 
top of the sample. Under this the yellow alumi­
num carbide could be seen. Thus a barrier to evap­
oration of aluminum was present, as the variation 
in apparent pressure with hole area suggests and, 
with the two larger orifices at least, this barrier was 
enough to cause a significant drop in the measured 
vapor pressure. Calculation of the pressures for 
zero orifice area by the method of Searcy and Peav- 
ler10 yields values that are, to the limits of the ran­
dom error, identical with the pressures obtained 
with the smallest orifice. Those pressures ob­
tained with the smallest orifice are listed in Table I.

Column 3 of the table, headed “ Blank wt. 
change/' gives the weight loss or gain of an empty 
cell which was heated simultaneously with the cell 
that contained the sample. Sample weight losses in 
column 4 have been corrected for the weight fluctu­
ation of the empty cell. The runs are listed in the 
order in which they were made.

T able  I
K nudsen R uns Using Orifice  C (A rea =  4.77 X  10-s

CM.2)

Temp.,
°K .

Duration,
sec,

Blank 
wt. change, 

ing.

Sample 
wt. loss, 

mg.
Pressure, 

atm. X 10°

1695 6300 +0.01 3.4C 20.2
1681 6420 +  .02 2.55 14.8
1664 9840 +  .06 2.77 10.4
1650 11460 -  .02 3.14 10.1
1651 7680 +  .08 2.39 11.5

Three samples were run by means of the torsion 
technique. Cells and samples were initially heated 
to about 1800°K. and were held at that tempera­
ture for outgassing until the angular deflection 
reading became reasonably steady. Starting with 
this temperature, a series of readings was made at 
successively lower temperatures until no deflection 
could be observed. This sequence was repeated 
three or more times for each run.

The results are plotted in Fig. 2. Pressure 
curves measured in runs 1 and 3 agree with each 
other quite well, but those of run 2 fall considerably 
lower. Depletion of the more volatile constituent 
is probably to blame for the lower results. When 
the sample used in run 2 was examined after the 
run, none of the typical yellow color of A14C3 could 
bo seen, although a powder X -ray photograph 
proved the presence of this compound in the sam­
ple. Apparently the crystals of the carbide had be­
come completely covered with layers of graphite. 
In sample 1 the presence of the yellow carbide was 
easily visible after the run.

High temperature deflections were observed to 
fall off slowly with time, probably because of de­
pletion of aluminum from the surface. In run 2,

(10) A . W . Searcy and R . J. Peavler, J. A m . Chem. Soc., 78, 207G 
(1956).



July, 1959 D issociation Pressure of Aluminum Carbide 1177

outgassing probably was carried too far, with the 
result that the sample was depleted at the start of 
the measurements.

The Knudsen data obtained with the smallest 
orifice are also plotted on Fig. 2. These data agree 
well with those of runs 1 and 3. Calculated pres­
sures from torsion measurements thus were as high 
as those of the Knudsen determinations despite a 
less favorable ratio of hole-to-sample surface area in 
the torsion experiments. The diameter of the holes 
was approximately 2 mm., about the same as the 
intermediate diameter of the Knudsen experiments, 
but the cross-sectional area of the torsion cells was 
less than half that of the Knudsen cells.

Probably this unexpected agreement is due to the 
different methods of heating the cells. The tor­
sion cells were suspended inside the tubular heating 
element and were heated very uniformly by radia­
tion. Between different parts of the cell the great­
est observable temperature difference was less than 
3°, and any temperature gradient present would 
tend to make the upper surface of the sample cooler 
than the cell walls. Natural distillation thus 
tended to replenish the aluminum carbide at the 
upper sample surface.

Induction-heated Knudsen cells, on the other 
hand, are almost impossible to heat uniformly. 
Asymmetric construction of the cell or asymmetric 
placement of the induction coil is necessary to keep 
the lid surface about the effusion hole as hot as the 
sample in order to prevent obstruction of the ori­
fice by condensed vapor. An arrangement that 
keeps the lid as hot as the upper surface of the sam­
ple almost inevitably must leave the upper surface 
of the sample hotter than the lower. The difference 
in cell temperature was of the order of 10° at most, 
and in the sample itself the temperature difference 
from top to bottom probably was less. Even so, 
such a gradient would favor vapor transport from 
the hotter top to the cooler bottom, from whence 
aluminum and aluminum carbide vapor molecules 
could escape only by diffusion through the pores of 
the residual graphite of the sample.

Data of torsion runs 1. and 3 and the Knudsen 
run with the smallest orifice were used in calculat­
ing thermodynamic data. If torsion run 2 were also 
included, the resulting thermodynamic values would 
be changed by less than 2 kcal. per mole of alumi­
num.

Dissociation pressures were calculated from the 
experimental data on the assumption that all 
vaporization took place by the reaction Al4C3(s) ->  
4Al(g) +  3C(s). The dissociation pressure calcu­
lated for torsion runs 1 and 3 is then given by the 
equation log P =  —(1.95 X  I0“ 4) /T  +  6.79. 
Justification for the assumption is discussed later.

From the dissociation pressures, A //0 was calcu­
lated at 1600°K. by two methods: the first of these 
utilizes the relation

d In P — &H°
T i j r  ~ ~ l l ~

A  least squares solution yields AH — 92 kcal./mole 
A1 for run 1 and 87 kcal./m ole A1 for run 3. The 
weighted average is 89,1 kcal./mole A1 or 356 kcal./ 
mole AI4 C 3 .

In the second method, AF° was found from the

measured pressure by means of the reaction AjP° =  
— RT In P, and AS'0 for the reaction was calculated 
from tabulated or estimated values of entropies.

A  value of A //0 was then calculated at 1600°K. 
from the entropy of the reaction and the free energy 
determination. The various numerical values used 
in the calculation are given in Table II.

Substance
A14C3(s)
C (graphite) 
A l(g )

T a b l e  I I

«S°i6oo. e.u. 
71 ( ± 3 )  
8.44 

47.72

II°im — H°zn, 
kcal.

57 ( ± 3 )
6.142
6.501

Necessary data for C(s) and Al(g) were obtained 
from Stull and Sinke.11 The values for AI4 C 3 were 
obtained as follows: S°-m = 25 e.u. from Circular 
50012; S«600 -  *S°298 =  26.35 e.u., H°m ~  =
11.53 kcal. from Kelley.13

Entropies and heat contents for AI4C3 above 
600°K. were calculated by use of the estimated 
equation,14 Cp =  40.04 +  5.0 X  10~13 T cal./deg. 
mole. The average vapor pressure of A1 over the 
system at 1600°Iv. was 4.2 X  10 ~6 atm.

Using these values, ATf+oo for the reaction is calcu­
lated to be + 349  (± 1 0 ) kcal./mole AI4C3 or + 8 7  
(± 3 )  kcal./mole Al. At 1700° the pressure of alu­
minum was 2.2 X  10~s atm. and AH° was + 8 7  
kcal./mole Al. From these values and a heat of 
sublimation of 77.5 kcal./mole for aluminum,11 the 
heat of formation of AI4C3 at 298°K . is calculated to 
be + 5 1  ( ±  10) kcal. This is somewhat higher than 
the + 4 0  kcal. obtained by R oth ,15 but the large 
uncertainty removes most of the significance from 
this discrepancy.

The values of A IP obtained by this second 
method agree well with the value of 89 kcal./mole 
Al obtained from the slope.

Vapor Carbide Concentration.— In attempts to 
determine the amount of gaseous carbide molecules 
in the vapor, various arrangements were devised 
whereby some of the vapor effused from a Knudsen 
cell was condensed on a cooled target. The sample 
thus collected was analyzed for carbon. The re­
sults obtained were inconclusive because of the dif­
ficulty in obtaining enough sample. The amount of 
carbon found in the samples decreased as the sample 
size was increased, varying from approximately 3%  
for two samples of less than a milligram total weight 
to about 0.8%  for two 3-mg. samples. The tem­
perature of the Knudsen cell was approximately 
1600°K. for all samples. T o judge from this varia­
tion, the carbon found in the samples was due 
largely to contamination. One can conclude that 
the carbon content of the vapor is no more than 2%  
and probably considerably lower. The results of 
Chupka, el al., provide a more sensitive limit.8 
They found by mass spectrometry that A12C2, which

(11) D. 11. Stull and G . C . Sinke, “ Therm odynam ic Properties of 
the Elem ents,”  American Chem ical Society, W ashington, D . C ., 1956.

(12) C ircular 500, N ational Bureau of Standards.
(13) K . K . K elley, “ C ontributions to  tho D a ta  on T heoretical 

M etallurgy, X . High Tem perature H eat Content, H eat C a p a city , 
and E ntropy D ata for Inorganic Com pounds,”  Bulletin 476, Bureau 
of Mines, U. S, G overnm ent Printing Office, W ashington, D. C ,, 1949.

(14) O. Kubasohow sky and E . L. E van s, “ M etallurgical Thermo« 
ch em istry ,”  Pergam on Press, London, 1956, pp. 180-187,

(15) W . A. R oth, Z. Elektrochem., 48, 207 (1042).
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was present to the extent of approximately 10“ 1 
mole %  at 2100°K., is the most important carbide 
species. From this concentration and estimated 
thermodynamic data, the A12C2 concentration at 
1000°K . is calculated to be of the order of 10 _2 mole 
%•

In light of these results, it seems unlikely that a 
gaseous aluminum carbide molecule would account 
for the high percentage of carbon found by the early 
investigators in the aluminum distilled from alumi­
num carbide. That transport of carbon is probably 
due to partial hydrolysis of the carbide with the 
formation of CO followed by reaction of the CO with 
the distilled aluminum at the condensing surface 
has been suggested in two recent papers.6 *-16

Some observations made in the course of these ex­
periments substantiate this explanation. When a 
sample which had been allowed to stand for some 
time was reheated, gas was evolved in quantities 
too large to be attributed to mere outgassing. The 
vapor from such a sample was condensed, collected, 
and analyzed. Carbon was present to the extent 
of 13% by weight.
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Complexation constants were measured for the binding of chloride ions to decyl- and dodecylammonium ions at concen­
trations greater and less than critical. The apparent constants were found to be 1.5 and 6 for the decyl- and dodecyl­
ammonium ions, respectively. The electrostatic contribution of the micelle to the binding was evaluated to be a factor 
varying from about 1.2 to 4.2 depending upon the size of the micelle. Comparisons were made with the chloride binding 
constants to proteins.

In evaluating the data for the binding of chloride 
ions to serum albumin, Scatchard, Coleman and 
Shen1 divided the hundred binding sites of serum 
albumin into four sets with the following intrinsic 
equilibrium constants and number of binding sites 
per set: h  =  2400, n 1 =  1; k2 ~  100, n2 =  8; 
h  — 3-3, n% = 18, and about 70 groups with 
smaller constants. In another analysis2 three sets 
of sites with the following values were proposed: 
7ci =  2500, Tii =  4; k2 — 50, n2 =  12; and k3 =  1, 
n3 =  84. The basic sites of serum albumin avail­
able for binding anions are the 16 imidazole groups 
of histidine, the 56 e-amino groups of lysine, the 25 
guanidyl groups of arginine and the small number, 
1 to 4, of a-amino groups. In order to investigate 
the characteristics of the amino group as a binding 
site for anions we have chosen as a pair of model 
compounds decyl- and dodecylamine. With these 
model compounds, there is the possibility of study­
ing the binding of anions to the protonated amino 
group with the compounds both in the monodis- 
perse and clustered or micellar form. This commu­
nication reports on the study of the binding of 
chloride ions to these compounds.

Experimental
The dodecylamine used in this study was the Armour 

product lot number RA-1. The free base was converted into 
the hydrochloride and reerystallized five times from methyl 
alcohol by Dr. L. Kushner of the National Bureau of Stand­
ards who kindly furnished us with this purified sample. 
Anal.3 Calcd.: C, 64.97; H, 12.64; Cl, 15.98. Found:
C, 64.81; H, 12.64; Cl, 16.04.

(1) G . Scatchard, J. S. Colem an and A . L. Slien, J. A m . Chem. S oc ., 
7 9 ,  12 (1957).

(2) H. A . Saroff, T h is  J o u r n a l , 61, 1364 (1957).
(3) W e wish to thank D r. W . Alford for the analysis of this com­

pound.

The n-decylamine was purchased from the Mathcson 
Co., Rutherford, N. J. It was converted to the hydrochlo­
ride and reerystallized twice from methyl alcohol. Anal.3 
Calcd.: C, 61.93; H , 12.49; Cl, 18.30. Found: C, 61.84; 
H, 12.43; Cl, 18.54.

Binding of chloride ion was measured at 25° by the method 
previously described4 5 in a cell equipped with a collodion 
membrane made permselective to anions by the incorpora­
tion of polyvinyl N-methylpyridine.6 The resistance of the 
membranes used was in the range of from 200 to 500 ohms 
cm.2. Potentials were measured with at least two solutions 
of KC1 with known concentrations to give small (0 to 3 mv.) 
positive and negative e.m.f. values. The concentration of 
KC1 with an activity of chloride ion equal to the activity 
of the chloride ion in the solution with the decyl- and do­
decylammonium ions was determined by interpolation of 
the logarithm of the concentration to a zero potential.

The cell employed in these measurements was constructed 
from two Lucite blocks. Matching holes of about 15-ml. 
capacity were milled into the face of each block and addi­
tional holes were drilled to serve as connectors for saturated 
KCl-agar bridges from the saturated calomel electrodes. 
The two blocks were clamped together with the permselec­
tive membrane placed between the matching holes to form 
a two compartment cell.

E.m.f. measurements were made with a vibrating reed 
electrometer (Model 31, Applied Physics Corporation, 
Pasadena, California) connected to a recording potentiome­
ter. The electrometer and recording potentiometer were 
employed in place of the Leeds and Northrop Type K  po­
tentiometer used previously in order to follow more accu­
rately the drifts which sometimes occur in the potentials.

The precision of measurements of chloride concentration 
in KC1 solutions employing known solutions of KC1 was 
about four parts in a thousand in concentrations varying 
from 0.001 to 1.0 M . This precision was obtained without 
thermostating the calomel electrodes. More precise meas­
urements can be made with careful control of the tempera­
ture of the calomel electrodes.8

(4) M . S. Lew is and II. A . Saroff, J. A m . Chem. S oc., 79, 2112
(1957).

(5) M . H . G ottlieb, R . Neihof and K . Sollner, T h is  J o u r n a l , 6 1 ,  

154 (1957).
(6) K . A . K raus, R . W . H olm berg and C . J. Borkow ski, A n al.

Chem., 22, 341 (1950).
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Measurements made on the amine solutions were found 
to be less precise than those on the known KC1 solutions 
because of the slight drifts encountered in the e.tn.f. values. 
The drift was less at the higher concentrations.

Results
The binding of chloride ion was measured at con­

centrations of decyl- and dodecylammonium chlo­
ride which were both greater and less than the criti­
cal micelle concentration. The critical micelle con­
centrations in salt free solutions are 0.0487 8 and 
0.0131 M s for decyl- and dodecylammonium chlo­
ride, respectively. For the dodecylammonium 
chloride measurements the concentrations less than 
critical were about 0 . 0 1 0  M, and the concentrations 
greater than critical were about 0.020 M. For de- 
eylammonium chloride the concentrations chosen 
were about 0 . 0 2  to 0.03 M  for the low concentrations 
and 0.080 M  for the high concentrations.

Solubility of the dodecylammonium chloride lim­
ited the range of concentrations which could be 
measured. A 0.04 M  dodecylammonium chloride 
solution in water could be prepared with ease on 
warming to 40°. The 0.04 M  solution allowed to 
cool to 25° formed crystals after about three days. 
A 0.08 M  solution of the chloride in warm water 
precipitated crystals within a few minutes after 
cooling to 25°. Solutions of dodecylammonium 
chloride above 0 . 0 1  M  precipitated crystals of the 
amine hydrochloride at 25° when the KCI concen­
tration was above 0.10 M. Kushner, Hubbard 
and Parker9 reported measurements on dodecylam­
monium chloride at concentrations as high as 0.05 
M  in salt solutions at 30°.

The time required for the formation of the crys­
tals was usually about 10 to 15 minutes, although 
some of the solutions remained clear for a few hours. 
Measurements of binding in KCI solutions were 
made on the clear solutions.

The experimental points of Figs. 1 and 2  sum­
marize the data obtained from the measurements 
on the two amines. The symbol v represents the 
fraction of each mole of alkylammonium ion_com- 
plexed with the chloride ion. The value of v was 
calculated on the assumption that the activity co­
efficient of the chloride ion in the KC1 solution is 
the same as the activity coefficient of the free (un- 
complexed to the alkylammonium ion) chloride 
ion in the alkylammonium chloride solution. For 
both alkylammonium chlorides in water the binding 
of the chloride ion is greater in the micellar form 
than in the monodisperse form. The enhanced 
binding is interpreted to be a function of the elec­
trostatic contribution arising from the positive 
charges of the micelle. _

While the values of v give the charge on a mole­
cule of amine at various concentrations of KC1, it is 
of interest to calculate an association constant from 
these data. We consider the equations

It— NH3+ +  C l- =  R — NH3C1 (1)
/{- _  CR-NHsCl j/R-NHaCI ^

cr- nh3+ 2/R-NII3* ccr  y cr

(7) H. B. Elevens, J. Am. Oil Chemists S o c „  3 4 , 74 (1953).
(8) M. L. Corrin and W. D. Harkins, J . Am. Chem. Soc., 69, 683 

(1947).
(9) L. M. Kushner, W. D. Hubbard and R. A. Parker, J. Research 

Natl. Bur. Standards, 69, 113 (1957).

Fig. 1.—The concentration dependence of the binding of 
chloride ion to the deeylammonium ion: o, concentration 
of deeylammonium chloride was 0.0800 M ; • concentra­
tion of deeylammonium chloride varied from 0.016 to 0.032 
M. The chloride concentration was increased by adding 
KCI. Curves 1 and 2 calculated as indicated in the text 
from equation 3 with k' =  1.5 and 4.5, respectively.

Fig. 2.—The concentration dependence of the binding of 
chloride ion to the dodecylammonium ion: o ,  concentration 
of dodecylammonium chloride was 0.0202 M ; « ,  concentra­
tion of dodecylammonium chloride varied from 0.0192 to 
0.0101 M. The chloride concentration was increased by 
adding KCI. Curves 1 and 2 calculated from equation 3 
with k' =  6 and 25, respectively.

The symbols cr- nh3+, CR-Nmci and ca- repre­
sent concentrations of ammonium ions, ammonium 
ion-chloride complex and chloride ions, respec­
tively, and ¡/r- nh3+, y r- nh3ci and yci- are the 
corresponding activity coefficients. K  represents 
the association constant for the reaction defined by 
equation 1. If the apparent association constant 
k' is defined as

j ,  2/R- NHs*
? /R -N ri3 C l

then we may write

An evaluation of the apparent association con­
stant k' from the above equations was made on the
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alkylammonium chloride solutions containing eon- 
eentrations to 0.02 M  added KOI. The activity 
coefficient yc:~ was taken as y±  for KC1 from the 
data compiled by Harned and Owen. 10 Decyl- and 
dodecylammonium chloride in concentrations be­
low critical exhibit complexation with chloride ion 
with an apparent constant of 1.5 and 6 , respec­
tively. At concentrations above critical, decyl- 
and dodecylammonium ion in water complexes 
chloride ion with an apparent constant of 4.3 and 
25, respectively.

In order to illustrate graphically the effect of 
added KC1 on the complex formation, the experi­
mental values of v are plotted as a function of log 
ccj- in, Figs. 1 and 2  along with curves calculated 
from equation 3 with the constants found for the 
salt-free and low salt solutions. Salt added to solu­
tions of dodecylammonium chloride has been dem­
onstrated by Corrin and Harkins11 to decrease the 
critical micelle concentration. The added salt also 
increases the micellar weight according to the data 
of Debye, 12 Mysels, 13 and Kushner, Hubbard and 
Parker. 9

The salt effect is particularly apparent in the 
binding of chloride to the micellar forms. As the 
salt concentration is increased the apparent binding 
constant decreases and approaches that of the lower 
concentration of alkyl derivative. This change in 
apparent association constant is consistent with 
the change in micellar size if it is assumed that, as 
the micelle grows, the average effective distance be­
tween charges increases with the result that the 
electrostatic effect becomes smaller.

The electrostatic effect can be evaluated by 
taking the ratio of the apparent association con­
stant in the micelle to that in the monodisperse 
form. For the dodecylammonium chloride in 
water, the electrostatic effect is a factor of 4 and 
this factor decreases with added salt. Table I 
summarizes the electrostatic contributions to the 
association constants of the micellar forms of both 
decyl- and dodecylammonium chlorides in water 
and in salt solutions.

Ammonium chloride, in a 0.0800 M  solution, 
showed no complexation within the experimental 
error of our apparatus. (The free chloride ion was 
measured at 0.0797 M . )

Discussion
The binding of chloride ion to the alkyl amines in­

creases as the chain length of the alkyl group in­
creases. The constant for the ammonium ion is too 
small for measurement in our apparatus. Prelimi­
nary studies in this Laboratory with hexylammo- 
nium chloride gave a constant (k') of 0.511; decyl- 
amine at concentrations below critical gave a value 
of 1.5 and dodecylamine at concentrations below 
critical gave a value of 6 . These constants, of 
course, include the ratio of activity coefficients,

(10) H. S. Ilarned and B. B. Owen, “ Physical Chemistry of Elec­
trolytic Solutions,”  Reinhold Publ. Corp., New York, N. Y., 1958, p. 
498.

(11) M. L. Corrin and W. D. Harkins, J. Am. Chem. S o c ., 69, G83 
(1947).

(12) P. Debye, A n n .  N. Y. Acad. Sci., 51, 575 (1949).
(13) K. J . Mysels. Tins J o u r n a l , 58, 303 (1954).
(14) Studies on hexylamine will be presented in another com­

munication.

T a b l e  I
E le c tro static  C o rr e c t io n  T e r m  k ' ( m ic e lle ) / ¿ ' ( m ono ­
d isp e r se ) fo r  t h e  A sso ciatio n  C o n stan ts  of  D o d ecyl-  

and  D e c yl a m m o n iu m  C h lo r id e s  
Decylammonium chloride 0.0800 M

Added
KC1 ,
M

Cci-
M V k' h /1.5

0.00 0.0650 0.19 4.3 2.9
.01222 .0753 .21 4.4 2.9
.02038 .0817 .23 4.4 2.9
.1503 .2060 .30 2.8 1.9
. 3006 .3516 .36 2.2 1.5

Dodecylammonium chloride 0.0202 M
Added
KC1 ,
M

Mol. 
wt. of 
micelle9 V k' k' / 6

0.00 0.0151 17,800 0.25 25 4.2
.05105 .0610 30,000 .51 20 3.4
.1021 • l l l o 85,500 .56 14 2.4
.2041 .2133 665,000 . 54 7.4 1.2

2/ R - N H3 +/ y  R--NH,C1, as well as any electrostatic
effect of small aggregates below the critical micelle 
concentration. The question of small aggregates is 
difficult to evaluate unequivocally on the basis of 
the presently available data for decyl- and dodecyl­
amine. Ralston and Hoerr15 interpreted their equiv­
alent conductance data on octyl- and decylammo­
nium salts to indicate that these salts behaved as 
ordinary strong electrolytes and were unaggre­
gated. Similar data for dodecylamine indicated 
some aggregation. In a later paper, Hoerr and 
Ralston16 interpreted the cationic conductance data 
of these same salts to show some aggregation. A 
comparison was made between these amines and 
the carboxylic acids. Aggregation occurring in 
the carboxylic acids is reflected in the pK ’s of these 
acids. The data on the carboxylic acids and their 
aggregation constants, attributed to hydrogen 
bonding, have been summarized by Katchalsky, 
Eisenberg and Lifson. 17 If hydrogen bonding were 
to cause the small aggregation, such an aggregation 
would be much weaker for the free amine due to the 
smaller electronegativity of the nitrogen in the 
amine compared to that of oxygen18 in the carboxylic 
acid. The aggregation via hydrogen bonding of 
the charged ammonium ion would be negligible. 
With small aggregates (brought about by the reduc­
tion of the water-alkyl chain interface) occurring 
in the alkylamine solution, the differences in pK ’s 
(at zero ionic strength) should parallel the differ­
ences in chloride binding constants. The dif­
ference between the pK  values19 of hexyl- and do- 
decylamines in the absence of salt is 0 .1 , correspond­
ing to a ratio of 1.26 in the constants. We find the 
ratio of the chloride binding constants of decyl- and 
dodecylammonium ions to be 4 and that for the 
hexyl- and dodecylammonium ions to be about 1 0 . 
Thus, from these data on the amines, the constants

(15) A. W. Ralston and O. W. Iloerr, ./. Am. Ch^m. Soc., 64, 772
(1942).

(16) C. W. Iloerr and A. W. Ralston, ibid. 65, 976 (1943).
(17) A. Katchalsky, II. Eisenborg and S. Lifson, ibid., 73, 5889 

(1951).
(18) L. Pauling, “ The Nature of the Chemical Bond." Cornell 

University Press, Ithaca, N. Y,, 1940, p. 291.
(19) C. W. Hoerr, M. R. McCorklc and A. W. Ralston, J. Am. 

Chem. Soc., 65, 328 (1943).
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for the binding of chloride ion to the alkylammo- 
nium ion appear to require but little correction for 
the effects of aggregation.

The recent studies of Mukerjee, Mysels and Du- 
lin20 on sodium dodecyl sulfate indicate that the 
dimer is the main stable aggregate at low concen­
trations. At a 0.01 M  concentration, about 25% 
of the dodecyl sulfate ion exists in the form of the 
dimer (calculated for a dimerization constant of 
120). If the dimer is formed with the charge 
heads separated and the tails interwoven, 20 then we 
may readily estimate the electrostatic effect of the 
charted heads. If we take the separation of 
charged heads to be that equivalent to a six carbon 
atom distance, the data on the pK ’s of the two car­
boxyl groups of suberic acid may be used. The dif­
ference in the two pK  values is 1.03.21 After sub-

(20) P. Mukerjee, K. J. Mysels and C. I. Dulin T his Journal, 6 2 , 
1390 (1958); P . Mukerjee, ibid., 62 , 1397 (1958); P . Mukerjee and
K. J. Mysels, ibid., 6 2 , 1400 (1958), and P . Mukerjee, ibid., 6 2 , 1404
(1958).

tracting from this difference the statistical effect 
(logarithm of 4) we find the electrostatic effect to be 
the factor 2.7. Thus the dimer would impose a 
relatively small correction on the association con­
stants of the alkylammonium ions and the chloride 
ion.

The effective chain length for the amino group of 
lysine incorporated in a protein is, of course, a dif­
ficult quantity to estimate. However, a length of 
from 6  to 1 2  would seem reasonable giving values of 
k' varying from 0.5 to 6 . Thus the value of 3.3 
proposed by Scatchard for 18 sites and the value, 
1 , proposed by Saroff for 84 sites fall in the proper 
range.

The higher values of association constant ranging 
from 2500 to 50, undoubtedly arise from some steric 
or structural effect. 1 A specific structure involving 
the clustering of 16 sites has been suggested for 
serum albumin. 2

(21) R. Gann and C. K. Ingold, J. Am. Chem. Soc., SO, 1594 (1928)

THE HEATS OF VAPORIZATION OF PARA-IIYDROGEN AND ORTHO- 
DEUTERIUM FROM THEIR BOILING POINTS TO THEIR CRITICAL

TEMPERATURES1
B y  D a v i d  W h i t e , J ih -H e n g  H u  a n d  H e r r i c k  L. J o h n s t o n
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The heats of vaporization of hydrogen and deuterium have been measured from their boiling points to their critical 
points. The heats of vaporization of hydrogen deuteride and tritium have been predicted from the data, using a simple 
mass relationship.

Introduction
The heats of vaporization of hydrogen and 

deuterium have been measured, in this Laboratory, 2 
in the vicinity of the boiling points. In the case of 
hydrogen the heat of vaporization was calculated 
at temperatures up to the critical3 from vapor 
pressure data and the molar volumes of the satu­
rated liquid and gas. However, lack of experimen­
tal values for the saturated molar volumes of 
deuterium has prevented a similar extension of its 
heat of vaporization from vapor pressure data. 4

In the hydrogen isotopes, the thermodynamic 
properties at low temperatures differ considerably 
due to quantum effects. In order to determine the 
magnitude of these effects, an attempt has been 
made to determine directly the heats of vaporiza­
tion of hydrogen and deuterium between their 
respective boiling points and critical temperatures. 
Although, even in the direct determination, the 
results, in the vicinity of the critical point, depend 
largely on a knowledge of the saturated molar

(1) This work was supported by the United States Atomic Energy 
Commission.

(2) (a) H. L. Johnston, J. T. Clarke, E. B. Rifkin and E. C. Kerr, 
J. Am. Chem. Soc., 72, 3933 (1950); (b) E. C. Kerr, E. B, Rifkin, 
H. L. Johnston and J. T. Clarke, ibid., 73, 282 (1951).

(3) D. White, A. S. Friedman and If. L. Johnston, ibid., 72, 3927
(1950) .

(4) A. S, Friedman, D, White and II. L. Johnston, ibid., 7 3 , 1310
(1951) .

volumes of the liquid and gas, the measured 
values for hydrogen and its isotopes can be con­
sidered, in general, far more reliable than those 
calculated from vapor pressure data.

Apparatus.— Owing to the high pressures attained during 
these experiments, the calorimeter employed was the modi­
fied condensed gas calorimeter designed by Rifkin, Kerr and 
Johnston5 6 for the measurement of the heat capacity and 
vapor pressure of liquid diborane above its boiling point. 
This apparatus already has been described in considerable 
detail.

A standard thermocouple, which had been calibrated 
against a helium thermometer,5 was used for temperature 
measurements. To ensure the constancy of the calibration, 
the thermocouple readings were intercompared with tem­
peratures calculated from the vapor pressures of normal 
hydrogen, measured in the calorimeter.

Three Bourdon gages, each covering different ranges, were 
used to measure the pressure during the heat of vaporization 
experiments. These gages were calibrated at close intervals 
against a precision dead-weight gage.

Procedure.— Pure hydrogen or deuterium was first con­
densed into an ortho-para converter containing chromic 
oxide gel and allowed to stand for approximately six hours. 
Since the half-life for the ortho-para conversion of hydrogen 
or deuterium on the catalyst is of the order of only a few 
minutes, the 20.4°K. equilibrium mixture is certain to be 
attained after six hours. Although no ortho-para analyses 
were made, the hydrogen was assumed to consist of 99.8% 
of the para- and 0.2%  of the ortho-form, and the deuterium 
2.2%  and 97.8% of these forms, respectively.

(5) E. B. Rifkin, E. C. Korr and II. L. Johnston, ibid., 7 6 , 785 
(1953).

(6) T. Rubin, H. L. Johnston and II. Altman, ibid., 73, 3401 (1951),
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T a b l e  I
H e a t s  o f  V a p o r iza t io n  o f  P a r a - h yd r o g e n

Temp.
(°K .) T/T„

Heat
input
(cal.)

Heat
input

cor.
(cal.)

nr
(mole)

Vi/
(Fg -  Vi)

nT
(mole)

AII v 
(cal./ 
mole)

24.41 0.7344 42.01 42.39 0.1958 0.0552 0.2066 205.2
26.33 .7921 43.64 43.79 .2073 .0887 .2257 194.0
28.12 .8460 43.74 45.69 .2246 .1398 .2560 178.5
29.65 .8920 39.87 39.24 .2203 .2450 .2676 146.7
30.97 .9317 36.92 36.42 .2298 . 3385 .3076 118.4
31.85 .9582 33.74 33.01 .2260 .5030 .3396 97.2
32.69 .9835 27.41 24.22 .2073 1.0000 .4140 58.4

T a b l e  II
H e a t s  of V a p o r iza t io n  of  O r th o - DEUTERIUM

Temp.
(°K.) T/T,

Heat input 
(cal.)

Heat input
cor. nr 
(cal.) (mole)

Vi/
( V* -  V0

nT
(mole)

M U
(cal./
mole)

24.25 0.6323 57.57 58.00 0.1988 0.0172 0.2022 287.3
26.83 .6996 55.03 55.84 .1964 .0327 .2028 275.7
28.58 .7439 60.71 61.03 .2219 .0489 .2328 262.5
30.53 .7961 57.81 58.42 .2208 .0768 .2378 245.9
32.48 .8469 54.30 54.95 .2194 .1178 .2453 224.1
34.10 .8892 53.18 53.14 .2285 .1722 .2679 198.4
35.43 .9239 46.70 45.52 .2117 . 2395 .2624 173.5
36.57 .9536 39.92 40.11 .1990 .3405 .2668 150.3
37.52 .9784 32.71 32.53 .1803 .5030 .2710 120.0

T/Tc.
Fig. 1.— Heats of vaporization of the isotopes of hydrogen 

between the boiling point and critical point.

After the conversion had taken place approximately four 
moles was condensed into the calorimeter. The vaporiza­
tions then were carried out at various temperatures, using 
the procedure employed by Giauque and Johnston7 and by 
Johnston, Clarke, Rifkin and Kerr.1 The time of energy 
input varied from 12 to 30 minutes, and during this time the 
pressure was held constant to within ± 1 0  mm. at the lower 
pressures and to within ± 2 5  mm. at the highest pressures, 
by means of a manually controlled needle valve. A correc­
tion was made for the small temperature differences be-

(7) W. F. Giauque and II. L. Johnston, ibid., 51, 2300 (1929).

of the heat capacity data of Smith, Hallett and Johnston.8-9 
A considerable effort was made to arrive at a final tempera­
ture very close to the initial temperature in order to mini­
mize this correction. Such a precaution is of particular im­
portance in the vicinity of the critical point, where owing 
to the enormous heat capacity of the system, even a few 
hundredths of a degree difference leads to a sizeable correc­
tion. Corrections also were applied for the heat transfer, 
during the experiments, between the calorimeter and its 
surroundings.

Materials Used.— The hydrogen used in this investiga­
tion was prepared electrolytically, and purified by triple dis­
tillation. After compression in a storage cylinder, a mass 
spectroscopic analysis of the gas showed less than 0.01 mole 
%  of impurity.

The deuterium was supplied by the U.S. Atomic Energy 
Commission. After purification by distillation, it was 
found to contain 99.01% deuterium and 0.99% hydrogen 
deuteride. Other impurities amounted to less than 0.01%.

Experimental Results
The heats of vaporization of hydrogen and 

deuterium are given in Tables I and II, respectively.
The heats of vaporization for hydrogen show 

considerably more scattering than those for deu­
terium. In some of these runs the heating period 
was so short that a large superheating resulted. 
This effect tends to make the total heat input 
somewhat uncertain. Furthermore, in the earliest 
experiments there was some difficulty in controlling 
the pressure during the vaporization. The most 
serious uncertainty, however, is in the determina­
tion of the total number of moles vaporized in a 
given experiment. Not only must the number of 
moles removed from the calorimeter (Tables I and 
II, column 4) be considered, but also the number of 
moles vaporized in the dead space of the calorim-

(8) A. L. Smith, N. C. Hallett and H. L. Johnston, ibid., 76, 1486 
(1954).

(9) A. L. Smith, N. C. Hallett and H. I,. Johnston, Contract SC_4t 
W-7405, Eng. 36 between the Regents of The University of California 
and The Ohio State University Research Foundation, TR-436-3 
(March 15, 1952).
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eter. Let nT be the number of moles removed 
from the calorimeter of volume V ,  let and nd 
be the initial number of moles of gas and liquid, 
respectively, in the calorimeter; and let n2g and 
n2l be the corresponding final amounts of gas and 
liquid. Since the volume of the calorimeter is 
constant, i.e.

Vgnie +  yW  = Fgn2s +  V\n£
and the number of moles removed from the calo­
rimeter is given by the expression

nie 4- n i' — n2e — n2] = nt
it can be shown that the total number of moles 
vaporized ut is given by the relation

wT = nr +  n-c y ,)

where V ]  and V g are the molar volumes of the 
liquid and gas, 10 respectively, at the temperature 
and pressure of the vaporization. No experimental 
data exist for the molar volumes of liquid and gas­
eous deuterium along the saturation curve. There­
fore, Ei was obtained by extrapolation, to the satu­
ration curve, of the pressure-volume-temperature 
data of liquid deuterium, 11 and V g was obtained 
in a similar manner from gaseous pressure-volume- 
temperature data. 12 Since such extrapolations 
are not too accurate, particularly in the vicinity of 
the critical point, the uncertainty in the heat of 
vaporization at the highest temperatures can be as 
much as 5%. The values of V\/(V& — Fi) used 
in the calculations were tabulated for both hydro­
gen and deuterium (column 5 of Tables I and II), 
so that the total number of moles can be recalcu­
lated in the event that new liquid and gas densities 
become available.

The heats of vaporization of deuterium have 
been corrected for the presence of the 1 %  hydrogen 
deuteride. In making this correction, it was

(10) E. Mathias, C. A. Crommelin and II. K. Onnes, Leiden Comm., 
154b (1918).

(11) A. S. Friedman, M. Trzeciak and II. L. Johnston, J. Am. Chem. 
Soc., 76, 1552 (1954).

(12) Unpublished results of this Laboratory.

assumed that a solution of hydrogen deuteride and 
deuterium behaves ideally. Although the heat 
of vaporization of hydrogen deuteride between the 
boiling point and the critical point has not been 
determined, it was estimated from the results of 
these experiments (see below).

Discussion of Results
The large isotope effect obtained in the heat of 

vaporization is of considerable interest, particularly 
if the results can be used to predict the properties 
of all the other hydrogen isotopes. Since the inter- 
molecular forces for all the hydrogen isotopes can 
be considered to be nearly the same, no correlation 
can be expected from any classical law of cor­
responding states. Deviations from such a law, as 
a result of quantum effects, have already been dis­
cussed by DeBoer and Lunbeck. 13

An empirical relationship developed by Fried­
man, White and Johnston14 states that when a 
thermodynamic quantity of an isotope series is 
plotted against the reciprocal of square root of the 
mass, a straight line is obtained. By applying 
this relationship to the heats of vaporization at 
the boiling point of hydrogen, deuterium and 
hydrogen deuteride, 15 a straight line plot is ob­
tained which, when extrapolated to the mass of 
tritium, leads to a value of 323 ca./mole. From 
vapor pressure data, Grilly16 has calculated a value 
of 333 cal./mole for the heat of vaporization of 
tritium at 25.04°K. Thus the predicted value 
agrees to within 3% of the experimental value. 
Assuming that for each value of T/Tc (column 8  of 
Tables I and II) between the boiling point and 
critical point, such a linear relationship holds for 
all the isotopes, the heats of vaporization of hydro­
gen deuteride and tritium were calculated. The 
results of these calculations are shown by the 
dotted lines in Fig. 1; the solid lines represent the 
experimental results for hydrogen and deuterium.

(13) J. DeBoer and R. J. Lunbeck, Physica, 1 4 ,  520 (1938).
(14) A. S. Friedman, D. White and H. L. Johnston, J. Chem. Phys., 

1 9 ,  126 (1951).
(15) F. Simon and F. Lange, Z. Physik, 15, 312 (19231-
(16) E. R. Grilly, J. Am. Chem. Soc., 7 3 ,  843 (1951).

THE SOLUBILITY OF SILVER SULFATE IN ELECTROLYTE SOLUTIONS. 
PART 1. SOLUBILITY IN POTASSIUM NITRATE SOLUTIONS1

By M. H. Ljetzke and R. W. Stoughton

Contribution from the Chemistry Division, Oak Ridge National Laboratory, Oak Ridge, Term.
Received January 10, 1959

The solubility of Ag?S04 lias been measured in water to 230°, in 0.1 and 0.6 m K N 03 to 200°, and in 1 m K N 0 3 to 150°. 
Based on the solubilities in pure water and a Debye-Hiickel expression for the variation in the activity coefficient of Ag2SO« 
with ionic strength at any temperature, solubilities were calculated at various temperatures and K N 0 3 concentrations. The 
agreement between observed and calculated values was good. It is concluded that in this case the Debye-Hiickel equation 
holds as well at elevated temperatures as at room temperature and that it is not necessary to assume any complexing in these 
solutions to explain the data.

In a previous paper2 it was shown that at 25° a
(1) This paper is based upon woik performed for the United 

States Atomic Energy Commission at the Oak Ridge National Labora­
tory operated by Union Carbide Corporation,

(2) M. H. Lietzke and R. W. Stoughton, J. Am. Chem. Soc., 79, 2067 
(1957).

plot of the log of the stoichiometric solubility prod­
uct S of AgjS04 (on a molality basis) versus the 
square root of the ionic strength I  was essentially 
independent of the electrolyte medium. This was 
true on the basis of assumed complete dissociation
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TOAg2S04.
Fig. 1.— The solubility of Ag2S04 in KNOs solutions:

O, obsd. so lu b ility ;------- , calcd. solubility assuming A s is
constant at each K N 03 c o n c n . ; --------- , calcd. solubility
assuming A s varies as (DT)~'/°~-

whether or not the supporting electrolyte contained 
a common ion and regardless of valence type. 
Moreover, the curves, which showed a monotonic
increase with V I  all fell below the limiting 
(Debye-Huckel) slope, i.e., they showed a smaller 
dependence on ionic strength. These facts sug­
gested that (1 ) no sulfate complexing need be pos­
tulated in these systems and that (2 ) a Debye- 
Huckel expression of the type

j“_ Vi VdsoIn S ~  In So T  St
T  As V i  1 -f- Aa V^So^l

(1)

could be used to describe the data. In this equa­
tion so and So represent the molal solubility and 
the molal solubility product of Ag2S04, respectively, 
in pure water at temperature T; St is the Debye- 
Hiickel limiting slope for a 1 - 2  electrolyte (Ag2- 
S04) at that temperature; A & is either a constant or 
a term which varies inversely as the square root of 
the DT  product, where D is the dielectric constant 
of water. The value of D is assumed to vary with 
temperature in accordance with the equation given 
by Akerlof and Oshry. 3 In the case of Ag2S0 4 solu­
bility in pure water So =  4so3 at ionic strength J0 =  
3s0, while the expression for I  depends upon the 
supporting electrolyte.

In order to test the validity of the two assump­
tions a study of the solubility of Ag2S04 in a variety 
of electrolyte media was initiated as a function 
of temperature and" ionic strength. Ag2S04 was 
chosen because the solubility range in water and in 
a variety of electrolyte media is sufficiently high so 
the measurements can be made visually. Further­
more, the compound is sufficiently stable over the 
temperature range used that one does not encoun­
ter insurmountable difficulties with side reactions.

The present paper describes the solubility of 
Ag2S04 in KNO3 solutions; subsequent papers in 
the series will describe the solubility of Ag2S0 4 in

(3) G. C. Akerlof and H. I. Oshry, ibid., 72, 2844 (1950).

other media. In all cases the measurements have 
been extended over a wide range of ionic strength 
and from 25° to at least 200°. Since the calcula­
tions involved in testing the above assumptions 
would be extremely tedious on a desk calculator a 
high speed computer has been used in all cases.

Experimental
The solubility measurements were carried out using the 

same technique described previously.4 The determinations 
could be made only on a heating cycle since the solutions 
supersaturated upon cooling. In the present work Ag2S04 
crystals and aliquots of previously analyzed KNO3 solutions 
were weighed into the fused silica tubes. Since the Ag2S04 
molality could be calculated directly, subsequent analysis 
of the contents of every tube was unnecessary.

In contrast to systems containing Ag2S04 dissolved in 
acid,4 where the tubes could be heated many times to check 
a given point, the tubes containing Ag2S04 crystals and 
K N 03 solution could usually be heated only once. Even 
after one heating it was evident that a very small amount of 
Ag20  had formed by hydrolysis. As long as a tube was 
heated only once and the work was conducted relatively rap­
idly consistent and reproducible results were obtained. A 
second heating of the same tube showed a slightly different 
solubility and a darkening of the appearance of the pre­
cipitate, clearly indicating the formation of Ag20 . The 
solubilities reported therefore do not strictly represent 
equilibrium conditions. However the authors are convinced 
that the reported data are those which obtain in the absence 
of hydrolysis and that the hydrolysis reaction is significantly 
slower than the dissolution of Ag2S04 to produce a meta­
stable condition. Slow hydrolysis also was observed even 
when a small amount of HNO3 had been added. This 
situation is as should be expected in view of the calculated 
decrease of the acid quotients for H S04_ and HNO3 with 
temperature;5 in order to increase appreciably the H + con­
centration, enough HNO3 would have to be added to change 
markedly the various concentrations of species assumed to 
exist.

Hence it was necessary to use several tubes to determine 
each point on the solubility diagram. The solubility points 
were reproducible to ± 2 °  in 0.1 and 0.6 m K N 03 and to 
about ± 5 °  in 1.0 m KNO3.

Results and Discussion
In Fig. 1 the circled points represent the experi­

mentally observed solubilities of Ag2S0 4 in H20  and 
in 0.1, 0.6 and 1.0 m K N 0 3 solutions. The points at 
25° are lower than those observed by Harkins6 and 
are in better agreement with the calculated values. 
The results in H20  up to 1 0 0 ° were obtained from 
the work of Barre.7 The curves in Fig. 1 represent 
the calculated values using the best A s at each con­
centration.

The stoichiometric ionic strength /  of the Ag2- 
SO4-K N O 3 solutions is given at any molality m of 
K N 0 3 by m plus three times the molal solubility 
of Ag2S04, s, in the same medium, i.e.

I  =  m -f- 3s (2)

Under the same conditions the solubility product of 
the Ag2S04 on a molality basis is given by

S =  4s3 (3)

In starting the calculations at each concentration of 
K N 0 3 the observed solubility of Ag2S04 at a given 
temperature was used to compute a value of I. 
Then using equations 1 and 3 a value of scaicd (the 
calculated solubility of Ag2S04) was obtained. This

(4) M. H. Lietzke and R. W. Stoughton, ib id . ,  78, 3023 (1956),
(5) See M, H. Lietzke and R. W. Stoughton, T h i s  J o u r n a l , 63 

1190 (1959).
(6) W. D. Harkins, J. Am. Chem. Soc., 33, 1807 (1911).
(7) M. Barre, Ann. c h im . pkya., [8] 24, 211 (1911).
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value of Scaled was used to correct I  and the proc­
ess repeated until successive values of scaicd agreed 
to within 0.1%. The calculations were carried out 
at 25° intervals from 25 to 200° at each concentra­
tion of KNO3 using three different values of As, 
viz., 0.9,1.1 and 1.3. A plot of scaicd vs. As was then 
made at each temperature in order to determine the 
value of As which gave best agreement with the 
observed value. It was found that at each con­
centration of KNO3 the value of As was practically 
temperature independent; this implies that a/ 
(,DT) ‘/* is temperature independent, where & is the 
d parameter of the Debye-Hiickel theory.8 Hence 
the values were averaged at each concentration of 
KNO3 and the Scaled value corresponding to the av­
erage value was read from each graph. In addition 
an over-all average As was calculated and the cor­
responding values of scaicd also were obtained from 
the graphs. Both sets of Scaled values are given in 
Table I.

T a b l e  I
T h e  S o l u b il it y  of  Ag2S04 in  KNO$ S o lu tio n s

Scaled
As = 1.33

KNOj,
m

t,
°c. S obsd

Scaled
Aa = 1,33

Sciilcd
,1s = 1.11

/ D'T'y/i* 
\ DT J

0.1 25 0.0329 0.0320 0.0327 0.0320
50 .0404 .0407 .0416 . 0406
75 .0463 .0471 .0482 .0469

100 .0505 .0514 .0528 .0509
125 . 0530 .0536 .0552 . 0528
150 .0538 .0538 .0556 .0527
175 .0529 .0518 .0539 .0516
200 .0461 .0479 .0501

As = 1.07 As = 1.11

As = 1.07

0.6 25 0.0488 0.0463 0.0455 0.0463
50 .0605 .0590 .0579 .0584
75 .0699 .0691 .0678 .0678

100 .0771 .0770 .0755 .0746
125 .0821 .0831 .0813 .0792
150 .0849 .0870 .0849 .0812
175 .0855 .0889 .0865 .0808
200 .0838 .0888 .0860 .0776

0000dII .-Is = 1.11

As = .88

(AST
1.0 25 0.0628 0.0580 0.0512 0.0580

50 .0760 .0746 .0653 .0739
75 .0880 .0884 .0769 .0864

100 .0990 .100 .0862 .0964
125 .107 .111 .0936 .104
150 .113 .119 .0992 .109

°D 'T' is the DT  product at 25°.

Solubility values calculated on the assumption 
that at each m, A s =  A s' (D' T' /DT) %  i.e., that the 
d parameter is temperature independent, also arc 
shown in Table I . Here A s' is independent of D and 
T, and D 'V  is the DT product at 25°. On this 
assumption As increases by about 16% in going 
from 25 to 200°.

( S )  N o t e  a d d e d  i n  p r o o f .— Actually the Dcbye-Hückel equation 
was derived in terms of molar concentrations c rather than molal con­
centrations m, and c is approximately equal to the product of m times 
the solvent density do. Further, the quotient (<io/Z>7’) 1/ 2 is nearly in­
dependent of temperature. Hence a nearly temperature independent 
,4â is consistent with a temperature independent d.

As can be seen in Fig. 1 the calculated and ob­
served plots are all concave to the left even at 1 . 0  m 
KNO3. It will be shown in subsequent papers that 
this is not true when Ag2S0 4 is dissolved in solutions 
involving more than a pure ionic strength effect.

It is evident from Table I that the Ag2S04 solu­
bilities based on a value of As which decreases with 
increasing concentration of KN 0 3 show close agree­
ment with the experimentally observed values, 
while those based on an over-all average As are 
not as good at 1 m K N 03. The greatest difference 
between the observed and calculated solubilities 
in the latter case was 18%, and the average at all 
concentrations was about 4%. The & parameters 
corresponding to the values of As at 25° are as 
follows: 0.1 m  KNO3, As =  1.33, a =  4.0 A .; 0 . 6  m  
KNO3, A a =  1.07, & =  3.3 A .;  and 1 . 0  m  KNO3, 
A8 — 0 .8 8 , & =  2.7 A . The decrease in the value of 
& is consistent with an hypothesis involving smaller 
hydration spheres for the ions as the concentration 
of KNO3 increases. Since temperature independ­
ent values of As give calculated solubilities which 
agree more closely with the observed solubilities 
than do values of As which vary as (DT7) - 1 / 2 (Table 
I) it appears that the (DT ) " 1/2 variation may be 
just about offset by a decrease in the d values (or 
the solvent density) with increasing temperature.

The attainment of solubility equilibrium in the
1.0 m K N 0 3 solution at the higher temperatures 
was slow. Yet it was necessary to heat the tubes 
sufficiently rapidly so that the Ag2S04 did not hy­
drolyze to any large extent. Since no single As 
value fits the data as well in 1 m K N 0 3 over the en­
tire temperature range as in the 0 . 1  and 0 . 6  m KNO3 
solutions, and since the 25° value was easy to check 
within 1 % , it appears that the solubilities observed 
in 1 m KNO3 solution at the elevated temperatures 
are too high. However, they represent the best 
measurements that could be made under the re­
stricting condition of competitive hydrolysis. The 
data obtained above 150° in the 1.0 m KNO3 solu­
tion were meaningless and hence the values are 
reported only to 150°.

Any tendency of the sulfate ion to hydrolyze 
should be maximized at the highest temperatures 
and the lowest ionic strengths, i.e., where the bi­
sulfate acid quotient is lowest. The conditions of 
lowest ionic strengths obtain in pure water. At 
2 0 0 ° in pure water the ionic strength is about 0 .1 ; 
using the appropriate value and an estimated 
value for the concentration product9 for water dis­
sociation under these conditions, the ratio of HS04- /  
S04—  is only about 0 .0 0 2 , on the assumption of no 
hydrolysis of silver ion. Any hydrolysis of the 
latter ion would of course tend to enhance bisulfate 
formation.

It is evident that with the assumption of com­
plete dissociation of both the Ag2S04 and KNO3 a 
Debye-TIiiekel type of expression for the solubility 
product of Ag2S04 in KNOs solutions can be used to 
fit the solubility data over a wide range of concen­
tration and temperature. It is further evident that

(9) H. S. Harned and B. B. Owen, ‘ 'The Physical Chonaistry of 
Electrolytic Solutions,”  Reinhold Publ. Corp., New York, N. A., 
Third Edition, 1958, pp. 643-619.
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at least in this case the Debye-Hiickel equation their appreciation to G. R. North for performing 
holds as well at elevated temperatures as at room the experimental solubility measurements and to 
temperature. M. P. Lietzke for programming the equations for the
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THE SOLUBILITY OF SILVER SULFATE IN ELECTROLYTE SOLUTIONS. 
PART 2. SOLUBILITY IN POTASSIUM SULFATE SOLUTIONS1
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The solubility of Ag2S04 was measured in 0.1, 0.3, 0.5 and 0.8 m K2S04 solutions to about 200°. Based on the values in 
pure water the solubilities were calculated as a function of K2S 04 concentration and temperature on the assumptions that 
(1) both electrolytes were completely dissociated and (2) the activity coefficient of Ag2S04 varied with ionic strength accord­
ing to an equation of the Debye-Hiickel type. The agreement between observed and calculated solubilities was good.

A previous paper2 in this series described the solu­
bility of Ag2S0 4 in K N 0 3 solutions. It was shown 
that an equation of the Debye-Hiickel type could 
be used to describe the solubility data in that sys­
tem over a wide range of temperature and concen­
tration. The present paper describes the solubility 
of Ag2S04 in K 2S0 4 solutions.

In contrast to the Ag2S0 4-K N 0 j system, which 
involves a pure solvent medium effect in enhanc­
ing the solubility of Ag2S04 over the solubility in 
pure H20, the Ag2S04-K 2S0 4 system involves a 
common ion effect as well as a medium effect. The 
measurements have been extended over the range 
0.1 to 0.8 m K 2S0 4 from 25 to 200°. Again a high 
speed digital computer was used to check the ap­
plicability of the Debye-IIiickel equation to the 
solubility system.

Experimental
The solubility measurements were carried out using the 

same technique described previously.2-3 The same obser­
vations in regard to hydrolysis of the Ag2S04 made in the 
case of the Ag230 4-K N 03 system apply to the present sys­
tem. Again the measurements were reproducible to ± 2 ° .

Results and Discussion
In Fig. 1 the circled points represent the experi­

mentally observed solubilities of Ag2S04 in H20  and 
in 0.1, 0.3, 0.5 and 0 . 8  m K 2S04 solutions. The 
points from 25 to 100° in H20  and from 33 to 100° 
in the K 2S0 4 solutions are from the work of Barre. 4

On the assumption of complete dissociation of 
both electrolytes, the stoichiometric ionic strength I  
of the Ag2S04-K 2S04 solutions is given at any mo­
lality m of K 2S0 4 by equation 1

I  =  3m +  3s (1)
where s represents the molal solubility of Ag2S04 in 
the K2S04 solution. As in the previous paper in 
this series2 the stoichiometric solubility product of 
Ag2S04 on a molality basis S at any molality m of 
K 2S0 4 was assumed to be given in terms of the solu-

(1) Thia paper is baaed upon work performed for the United States 
Atomic Energy Commission at the Oak Ridge National Laboratory 
operated by Union Carbide Corporation.

(2) M. H. Lietzke and R. W. Stoughton, T h i s  J o u r n a l , 6 3 ,  1183
(1959).

(3) M. II. Lietzke and R. W. Stoughton, J. Am. Chem. Soc., 78, 3023 
(1956).

(4) M. Barre, Ann, chim. phys., [8] 2 4 ,  202 (1911).

bility product in pure II20  by a Debyc-IIiickel ex­
pression of the type

In S — In No St
V i

_i +  a b V i V:iv l m1 +  As V 3s0J

In this equation So, the molality solubility prod­
uct of Ag2S04 in pure II20 , equals 4s03 at ionic 
strength/ 0 =  3s0; St is the Debye-Hiickel limiting 
slope at the given temperature; and A s is either a 
constant or a term which varies inversely as the 
square root of the DT  product, where D is the dielec­
tric constant of II20. The value of D was com­
puted at each temperature using the equation given 
by Akerlof and Oshry. 5 According to the Debye- 
Huckel theory the value of St varies with tempera­
ture inversely as the three halves power of the DT 
product. At any temperature and concentration 
of K 2S0 4 the solubility product S of the Ag2S0 4 is 
given by equation 3

S =  4 s2(s +  m) (3)

In starting the calculations at each concentration 
of K 2S0 4 the observed solubility of Ag2S0 4 at each 
temperature was used to compute a value of 7. 
Then using equations 2  and 3 a value of scaicd (the 
calculated solubility of Ag2S04) was obtained. This 
value of Scaled was used to correct /  (equation 1 ) and 
the process repeated until successive values of scaicd 
agreed to within 0.1%. The calculations were 
carried out at 25° intervals from 25 to 200° at 
each concentration of K2S04 using three different 
values of AB, viz., 0.45, 0.65 and 0.85. From a plot 
of Scaled vs. As at each temperature and concentra­
tion of K 2S04 it was possible to find the value of As 
which gave closest agreement with the observed 
solubility. It was found that the value of As var­
ied little with temperature at each concentration of 
K 2S04 but did show a small decrease with increasing 
concentration of K 2S04. Table I shows the calcu­
lated solubilities of Ag2S0 4 corresponding to the 
values of As averaged at each concentration of K 2S 0 4 
and also to an over-all average value of 0.7. Using 
a single average value of A s is equivalent to assum­
ing that &/(DT)Vt is independent of concentration

(5) G. C. Akerlof and H. I. Oshry, J. Am. Chem. Soc., 7 2 ,  2844 
(1950).
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T a b l e  I
T h e  So l u b il it y  oe Ag2S 0 4 in  K2S 04 So lu tio n s

m
K 2SO4

t,°c. Sobsd /la = 0.7 G G

«caled *’

As = 0,7

A, = abo
C r ' r

0.1 50 0.0343 0.0326 0.0338 0.0352
75 .0412 .0402 .0416 .0432

100 .0461 .0463 .0476 .0489
125 .0491 .0504 .0519 .0533
150 .0500 .0531 .0544 .0554
175 .0509 .0541 .0556 .0556
200 .0501 .0530 .0550 .0544

0.3 50 0.0372
A3 = 0.6G6 
0.0385 0.0373 0.041

75 .0464 .0497 .0476 .052
100 .0565 .0595 .0572 .0618
125 .0675 .0691 .0663 .071
150 .0795 .0781 .0752 .079
175 .0925 .0875 .0843 .0843
200 .107 .099 .0941 .092

0.5 50 0.0431
Ab = 0.043
0.0438 0.0402 0.0464

75 .0541 .0575 .0523 .0594
100 .0668 .0704 .0644 .0715
125 .0814 .085 .0766 .083
150 .0977 .0999 .0895 .0945
175 .110 .119 .104 .104
200 .135 .138 .121 .117

0.8 50 0.0515
As = 0.648 

0.0478 0.0433 0.0490
75 .0652 .0640 .0576 .0681

100 .0819 .0805 .0724 .0805
125 .101 .0995 .0883 .101
150 .122 .122 .106 .113
175 . 144 .147 . 1.27 .127
200 .167 .182 .153 . 146

0 D’ T ' is the D T  product at 25°.

and temperature6; here & is the "distance of closest 
approach” parameter of the Dcbye-Hiickcl theory. 
Shown also are the calculated solubilities of Ag2S04 
corresponding to an over-all average value of As 
which varies with temperature as (DT)~x/t) in 
these calculations it is assumed that d is independ­
ent of concentration and temperature. The solu­
bilities calculated with the values of Aa averaged at 
each concentration of K->S04 arc also plotted in Fig. 
1.

A comparison of the observed and calculated 
solubilities in Table I indicates that the tempera­

lo) Usings a constant value of As is more nearly equivalent to as- 
uming that à{d<i/DT) ' / 2 is independent of concentration and temper­

ature; here do is the density of the solvent.

240’“ H/°
i'

200 (“
J,ifn 0.3*7 0.5/77 0.8/77

/o
(60 —

r, °c. !. 
120 —

oí
0!

r,X> ,*>
0 ' s'

/  ,'0'
'''

1 ¿ y ' O/ O'
0  OBSERVED SOLU8U.lTY

80 -•

/po'

0/0/ V — calculated solubility
ASSUMING 2b; !S CONSTANT 
AT EACH Kf>SQ. CONCEN­
TRATION

0  0 ,0 2  0 .0 4  O .C G  0 ,0 8  0.10 0 / 2  '  (X I4 0.16 0 . (3  0 .2 0

Fig. 1.— The solubility of Ag2S04 in K2S 04 solutions.

turc-independcnt values of As averaged at each 
concentration of Iv2S04 give calculated solubilities 
agreeing most closely with the observed. In all 
cases above 0 . 1  m K 2S04 the value of As which var­
ies as gives calculated solubilities which
are too low at the highest temperatures. These 
same observations also were made in the Ag2S04~ 
KNO3 solubility system. 2 However, in contrast to 
the Ag2S04-K N 0 3 system the direction of curva­
ture of both the observed curves and the calculated 
curves changes at higher concentrations of K 2S04. 
The & parameters corresponding to the As values at 
25° areasfollows: for0.1 m K 2S04, /15 =  0.766, a =
2.3 A.; for the higher concentrations of K 2S04 the 
values of A s decrease slightly with & — 2.0 A . As 
in the Ag2S04-K N 0 3 system, the decrease in the 
value of d is consistent with an hypothesis involving 
smaller hydration spheres for the ions as the con­
centration of K 2SO4 increases. Also, the tempera­
ture-independent values of Aa give calculated solu­
bilities which agree more closely with the observed 
solubilities than do values of A s which vary as 
(.DT ) ~ ' / 2 (Table I); this fact may be interpreted 
on the basis of the Debye-Huckel equation by con­
cluding that the (D T )" ’^ variation tends to be 
offset by a decrease in the d value (or the solvent 
density) with increasing temperature.

It is evident that with the assumption of complete 
dissociation of both the Ag2S0 4 and K2S04 a Debye- 
Huckel type of expression for the variation in the 
molality solubility product of Ag2S0 4 with ionic 
strength in K2S04 solutions can be used to fit the 
solubility data over a wide range of concentration 
and temperature.

Acknowledgment.—The authors wish to express 
their appreciation to L. N. Cain for performing the 
experimental solubility measurements.
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THE SOLUBILITY OF SILVER SULFATE IN ELECTROLYTE SOLUTIONS.
PART 3. SOLUBILITY IN SULFURIC ACID SOLUTIONS1
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Received January 10, 1959

The solubility of A&SOi was calculated as a function of II2SO4 concentration and temperature to 250° based on (1) the 
solubility in pure water, (2) T, F. Young’s equation for the variation of the HS04~ acid constant with temperature, and (3) 
the assumption that the Ag>S()4 molality solubility product and the H S04~ acid quotient varied with ionic strength accord­
ing to D ebye-Hückel expressions. After redetermining solubilities under conditions where the observed and calculated 
values wore incompatible, general good agreement was obtained.

Two previous papers in this series have described 
the solubility of Ag2S0 4 in KNO »2 and K 2S04 solu­
tions. 3 The present paper describes a study of the 
solubility of Ag2S04 in H2S0 4 solutions primarily 
through the medium of a high speed digital com­
puter. In addition, new experimental results are 
presented correcting certain inconsistencies in pre­
viously reported high temperature data. 4

Experimental
All the solubility measurements wore carried out using 

the synthetic method described previously.4 In contrast 
to the measurements in KNOs and K2S04 media, the solu­
bility points in acid solution were sharp and reproducible to 
about ± 1 ° .

Results and Discussion
In accordance with the earlier papers in this 

series it was assumed that the molality solubility 
product *S of AgoSO.i in the H2S04 solutions could be 
expressed by equation 1

In »S = In So T  St V i
_1 + As Vi

___VT» 1
1 +  As v / l o j

(1)

where St  is the Debye-Hückel limiting slope for a 
1 - 2  electrolyte at absolute temperature T; So is the 
molality solubility product of Ag2S( ) 4 in pure water 
at that same temperature; 7 is the ionic strength 
of the solution; 7o is the ionic strength of Ag2S04 in 
pure water; and As is either a constant or a term 
that varies as (DT) -1/2. The dielectric constant D 
of water was computed at each temperature using 
the equation given by Akcrlof and Oshry.5

In calculating the ionic strength of the solution it 
was assumed that only the species Ag+, S04~ and 
HSO4“  existed in solution. If $ is the molal solu­
bility of Ag2S0 4 in H2SO4 of molality m, then the 
ionic strength of the solution is given by equation 2

1 = m -|- s +  ^2 (2)

where S is given by equation 1.
An equation for the variation in the bisulfate dis­

sociation constant K 2>] with temperature was ob­
tained from T. F. Young0 

775 3835log AV = -------- j ,  ~  _|. 0.947210 -  0.0212-1T-A' (3)

(1) This paper is based upon work performed for the United States 
Atomic Energy Commission at the Oak Ridge National Laboratory 
operated by Union Carbide Corporation.

(2) M. H. Lietzke and R. W. Stoughton, Tins J o u r n a l , 63, 1182 
(1959).

(3) M. II. Lietzke and II. W. Stoughton, ibid., 63, 1J8<> (19591.
(1) M. 1Ï. Lietzke and It. W. Stoughton. J. Ant. Client. Roc., 78,

3023 (195(1).
(5) G. C. Akerlof and II. I. Oshry, ibid., 72, 2814 (1950).
(0) T. F. Young, private communication.

The bisulfate acid quotient 7a2 in the Ag2S0 .4  solu­
tions was assumed to vary with ionic strength at any 
temperature according to equation 4

In Ki =  In /v2° + Sr' VÌ
1 +  A K V i

(4)

where In KA is given by equation 3, St ' is the Debye- 
Iluckcl limiting slope at temperature T for the quo­
tient of ions involved in the reaction IIS04_ — II+ 
-j- SO4 , and A k is either a constant or a term that 
varies as (l)T )~x/\

To derive an equation relating m, s, S and K 2 as 
previously defined, let WAg + =  2s, mu + =  m +  x, 
WSO4- =  s +  x, and mnso4- = m — x. Then

jS =  (jR2Ag+)(»tso4") =  4s2(s -{- x) (5)
and

K , =  KZ'^or) _  (m +  s)(s +  x) ^  
wnsor (w  — %)

Eliminating x between equations 5 and 6  one ob­
tains

A  _  s +  ,  K , (m  +  s -  A ) (7)
In calculating the solubility of Ag2S0 4 at any 

given temperature and molality of H2 8 O4 values of 
and A k were assumed. Then an initial arbitrary 

value of I  was substituted into equations 1 and 4 to 
give initial values of S and K%. Equation 7 was 
then solved by successive approximations to obtain 
a value of Scaled (the calculated solubility of Ag2S0 4 
in the H2S04 solution). The value of Scaled was used 
to correct I  by means of equation 2. The process 
was repeated until successive values of scaicd agreed 
to within 0.1%. This method yielded a consistent 
set of values of s, S, K 2 and I.

The calculations were carried out at 2 o° intervals 
from 25 to 250° at each concentration of H2S04 using 
various combinations of A s and A k. It was found 
that the calculated solubilities were very sensitive 
to the values of As and A k chosen and that best fit 
was obtained with As — 0.7 and A k  — 0.4. Making 
As and A k vary as (DT)~'0 did not produce a bet­
ter fit; this same observation was made in the cases 
of Ag2SG4 solubility in K N 0 3 and K 2S0 4 solutions.

Figure 1 shows a plot of the observed solubility of 
Ag2SC) 4 in 1I2S04 solutions and solubilities calcu­
lated with As =  0.7 and A k =  0.4. The agreement 
is very close except at the' highest temperatures in 
1 . 0  m II2S04 where at a given temperature the cal­
culated solubility is too low. In Table I is shown 
the effect of changing A K from 0.4 to 2.0: in all 
cases the agreement becomes much poorer.
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Table I
T he Solubility of Ag2SC>4 in H2S04 Solutions

mH29f>4 = 0 .1

Sobsd
A b = 0.7 

A  K = 0.4
As = 0.7 
Ak = 2.0

25 0.0292 0.0306 0.0350
50 .0463 .0462 .0537
75 .0615 .0613 .0717

100 .0747 .0765 .0884
125 .0858 .0893 .100
150 .0946 .0985 .107
175 .101 .104 .110
200 .105 .106 .109
225 .100 . 105 .106
250 .104 .103 .103

■mn&Ot =  0.5
25 0.0332 0.0350 0.0546
50 .0510 .0578 .0975
75 .0803 .0862 . 155

100 .120 .123 .231
125 .167 .168 .316
150 .218 .218 .394
175 .272 .269 .449
200 .323 .315 .478
225 .370 .351 .489

WiIIjS04 = 1.0
25 0.0347 0.0369 0.0723
50 .0514 .0617 .136
75 .0835 .0939 .228

100 .134 .139 .363
125 .201 .195 .533
150 .280 . 265 .712
175 .370 .346 ■ .852
200 .468 .435 .931
225 .572 .517 .965
250 .677 .562 .972

While the calculations were in progress it was 
evident that no reasonable assumptions regarding 
the variation of K 2 and S with temperature and 
ionic strength gave calculated values agreeing with 
several of the observed values previously reported. 4 
Hence the measurements were repeated using ac­
curately weighed quantities of Ag2S04 and Ii2S0 4 
solution in each tube to yield the observed values 
reported in this paper. It is believed that several 
of the former results were in error due to analytical 
inaccuracies in the silver determinations.

280
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40
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^SO,, •

Fig. 1.—-The solubility of ^g2S04 in H2S04 solutions.

The value ,4S = 0.7 observed in this work agrees 
with the average value of A s giving best fit in the 
solubility of Ag2S0 4 in K 2S0 4 solutions. 3 The 
value A k =  0.4 agrees with the value found by C. F. 
Baes, Jr. , 7 when using the data of T. F. Young in 
fitting the variation of the log of the bisulfate con­
centration quotient in pure H2S04 media at 25° 
against the square root of the ionic strength. In 
genera], decreasing the value of A s increases the cal­
culated solubility of Ag2SC4 in H2S04 and decreasing 
the value of A k decreases the calculated value. 
Thus to some extent a simultaneous decrease or 
increase of both these parameters is self-compensat­
ing, although by no means completely so with vary­
ing m and T.

The present paper shows in a striking manner 
how the use of a high speed digital computer can be 
used not only to fit solubility data with expressions 
of the Debye-Hiickel typ 3 but also to show up in­
consistencies in a set of solubility data.

Acknowledgment.—The authors wish to express 
their appreciation to M. P. Lietzke for assistance 
in programming the equations for the ORACLE 
(the high speed digital computer at ORNL) and 
to L. N. Cain for performing the experimental 
solubility measurements.

(7) C. F. Bacs, Jr., private communication.
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THE SOLUBILITY OF SILVER SULFATE IN ELECTROLYTE SOLUTIONS. 
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The solubility of Ag2S04 has been measured in 0.03, 0.1, 0.5, 0.8 and 1.0 m H N 03 to about 200°. Using the solubility in 
pure water; T. F. Young’s equations for the dissociation constants of HS04 ~ and H N 03 as. temperature; and the assumption 
that all activity coefficients vary with ionic strength according to Debye-Hilckel expressions; solubilities were calculated 
at 25° intervals to 200° for the concentrations of LINOj used in the measurements. The good agreement obtained in this 
and previous work led to the conclusions that ( 1) the principal species assumed to exist are correct and (2) the Debyc-HUckel 
equation is as applicable at elevated temperatures a3 at room temperature in nitrate and sulfate media.

Previous papers in this series have described the 
solubility of Ag2S04 in K N 0 3, 2 K 2S0 43 and H2S044 
solutions. The present paper describes the solubil­
ity of Ag2S0 4 in H N 0 3 solutions over a wide range of 
temperature and ionic strength. As in the previous 
papers a high speed digital computer has been used 
to show the application of expressions of the Debye- 
Hiickel type in describing the solubility data. In 
fact, in systems as complex as this one such calcu­
lations could hardly be carried out on a desk calcu­
lator.

Experimental
The solubility measurements were carried out using the 

synthetic method described previously.6 The solubility 
points were sharp and reproducible to about ± 1 ° .

Results and Discussion
In Fig. 1 the circled points represent the experi­

mentally determined solubility values for Ag2S 0 4 in 
H N 0 3 solutions. The values for the solubility of 
Ag2S0 4 in II20  were reported in the first paper in 
this series. 2

As in the previous papers it is assumed that the 
molality solubility product S of Ag2S0 4 in IIN 0 3 
solutions can be expressed by equation 1

In S — In ¿>o -(- St [ V j

1 + A „ V ' I
v 7 o

1 T  A 8 vYo_
(1)

where St is the Dcbyc-Huckcl limiting slope at 
temperature T for a 1 - 2  clectrolyc; So is the molal­
ity solubility product of Ag2S04 in pure water at the 
same temperature; /  is the ionic strength of the 
solution; h  is the ionic strength of Ag2S0 4 in pure 
water; and As is either a constant or a term that 
varies as (7)7')-1/\ The dielectric constant D of 
water was computed at each temperature using the 
equation given by Akerlof and Oshry. 6

In all subsequent calculations it was assumed 
that only the species Ag+, S04~, H+, NO»- , IINO» 
and IIS04~ exist in solution. The molal concen­
trations of these species are related to each other by 
the definitions of the molality solubility product S 
and of the concentration quotients A hso4- and
A l l  NO,

(1) This paper is based upon work performed for the United States 
Atomic Energy Commission at tire Oak Ridge National Laboratory 
operated by Union Carbide Corporation.

(2) M. H. Lietzke and 11. W. Stoughton, T his Journal, 6 3 , 1183 
(1950).

(3) M. II. Lietzke and R. W. Stoughton, ibid., 6 3 , 1186 (1059).
(-1) M. H. Lietzke and R. W. Stoughton, ibid., 6 3 , 1188 (1959).
(•’>) M. H. Lietzke and R. W. Stoughton, ./. Am. Chcm. Soc., 7 8 , 3023

(1950).
(G) G, C. Akerlof and II. I. Oshry. ibid., 7 2 , 2844 (1950).

s  = ( w - V + X m a o r ) (2)

A n s o r
O h +) O s o 4” )

w h s o 4~
(3)

A h .\ os
( )R H + )(? R N 0 3- ) (4)

WîlINOs

Using these equations and the new variables u =  
&/4s3, the molalities of the various species are ex­
pressible in terms of the calculated solubility s, u, 
A hsoc and ATino,- The ionic strength becomes

/  = —  (1 -  U) +  s(u +  2) (5)

Equations 2, 3 and 4 may also be combined to give
equation 6 , which the calculated $ must satisfy

+  (6)

where m is the molality of IIX 0 3.
Equations for the variation of the acid dissocia­

tion constants A °hso4- and A ° h n o3 with temperature 
were obtained from T. F. Young .7

In A’ °ii8or =  15.99058 -  -  0.0,1892307’ (7)

In Jy°i,noi =  15.09843 -  — -  0.03130M77 (8)

The concentration acid quotients A hso4- and ATin o , 
in the Ag2S0 4 solutions were assumed to vary with 
ionic strength at any temperature according to 
equations 9 and 1 0 .

= In A»iis.»r -1- S’, ___y / _ .
1 T  4 k y / 7

(9)

= lu Ar°i,N«)3 +  S "
V 7 (10)

i -j- A n V 7
where In A 0hso4- and In A ° h no , are given by equa­
tions 7 and 8 ; S' and S" arc the corresponding De­
bye-1 Itickel limiting slopes for the ion quotients 
involved in equations 3 and 4, respectively; and 
A k and A n arc either constants or terms that vary 
as

In calculating the solubility of Ag2SG4 at any 
given temperature and molality of H N 0 3 values of 
As, Ai< and A n (as previously defined) were as­
sumed. An initial arbitrary value of I  was substi­
tuted into equations 1, 9 and 10 to give initial values 
of S, A hso4- and A h n o ,- Equation 6 then was 
solved by successive approximations to obtain a

(7) T. F, Young, private communication.
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T a b l e  I

T he So l u b il it y  of  Ag2S04 in  H N 03 S o lu tio n s  
0.03 to IINOs

Sealed

t, °c.
As =* 0.65 
A k — 0.4 Sobad An = 0.5

As = 0.7 Ak =* 0.4 An = 2.0
25 0 .0 3 2 8  0 .0 3 3 1 0 .0 3 3 0
50 .0 3 9 3 .0 4 2 9 .0 4 2 9
75 .0 4 4 5 .0 5 0 5 .0 5 0 4

100 .0 4 8 2 .0 5 5 5 .0 5 5 4
125 .0 5 0 6 .0 5 8 0 .0 5 7 8
150 .0 5 1 5 .0 5 8 0 .0 5 7 8
175 .0 5 1 1 .0 5 5 8 .0 5 5 6
2 0 0 .0 4 9 3 .0 5 1 6 .0 5 1 5

25
0.1 to HNOs

0 .0 4 2 8  0 .0 4 4 6 0 .0 4 4 3
50 .0 5 9 0 .0 6 0 5 .0 6 0 1
75 .0 7 2 5 .0 7 5 5 .0 7 5 1

100 .0 8 3 0 .0 8 8 7 .0 8 8 3
125 .0 9 2 0 .0 9 9 0 .0 9 8 5
150 .1 0 0 .1 0 6 .1 0 5
175 .1 0 5 .1 0 9 .1 0 8
200 .1 1 0 .1 0 9 .1 0 8

t,

0.5 to HNOs
As = 0.65 Ak = 0.4

Scaled
As = 0.7 Ak =  0.4

As =  0.7 Ak = 0.4
®c. Sobsd A n = 0.5 An *  2.0 Kn  =  co

2 5 0 .0 7 8 6 0 .0 7 7 9 0 .0 7 7 9 0 .0 7 8 1
50 .1 0 6 .1 1 5 .1 1 2 .1 1 2
7 5 .1 4 6 .1 5 4 .1 5 0 .1 5 1

100 .1 9 4 .1 9 9 . 193 .1 9 5
125 .2 4 3 .2 4 8 .2 3 9 .2 4 4
150 .2 9 1 .2 9 8 .2 8 4 .2 9 4
175 .3 3 9 .3 4 5 .3 2 5 .3 4 1
20 0 .3 8 6 .3 8 4 .3 5 6 .3 8 1

2 5 0 .0 9 2 9
0.8 to HNOs
0 .0 9 5 8 0 .0 9 2 4 0 .0 9 2 8

50 .1 3 5 .1 3 8 .1 3 3 .1 3 4
75 .1 8 5 .1 8 8 .1 8 0 .1 8 3

100 .2 4 5 .2 4 6 .2 3 4 .2 3 9
125 .3 1 5 .3 1 1 .2 9 3 .3 0 3
150 .3 8 7 .3 8 2 .3 5 4 .3 7 2
175 .4 5 8 .4 5 2 .4 1 0 .4 4 2
20 0 . .5 3 0 .5 1 6 .4 5 5 .5 0 7

25 0 .1 0 8
1.0 to HNOs 
0 .1 0 4 0 .1 0 0 0 .1 0 1

50 .1 5 1 .1 5 1 .1 4 4 .1 4 6
75 .2 0 5 .2 0 6 .1 9 6 .1 9 9

100 .2 7 0 .2 7 1 .2 5 5 .2 6 1
125 .3 4 0 .3 4 4 .3 2 1 .3 3 3
150 .4 1 6 .4 2 5 .3 8 8 .4 1 2
175 .5 0 0 .5 0 7 .4 5 2 .4 9 4
200 .6 0 5 .5 8 5 .5 0 3 .5 7 1

value of Scaled (the calculated solubility of Ag2S(>4
in the H N 03 solution). The value of scaicd was used
to correct I  by means of equation 5. The process 
was repeated until successive values of scaicd agreed 
to within 0.1%. This method yielded a consistent 
set of values of s, S, Knsor, K h.no, and I .

The calculations were carried out at 25° inter­
vals from 25 to 200° at each concentration of HNOs 
using various combinations of A s, A k and A n. It 
was found that increasing As or decreasing A k de­
creases the calculated solubility of silver sulfate. 
If A 8 and A k are decreased together, essentially the 
same results are obtained. Hence, it is more dif-
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Fig. 1.— The solubility of Ag2SCh in UNO? solutions.
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ficult in nitric acid solutions to get a unique set of 
the constants than in the other systems studied 
where only one or two of the parameters were in­
volved. The closest agreements between the calcu­
lated and observed solubilities were obtained with 
A s =  0.65, A k =  0.4 and A n =  0.5; or with As —
0. 55, A k =  0.3 and A n =  0.5. Undoubtedly values 
of Ag between 0.55 and 0.65 with corresponding 
best-fit values of A k between 0.3 and 0.4 would give 
equally good results. The calculated solubilities 
plotted in Fig. 1 correspond to the first set men­
tioned. These values are also given in Table I 
along with solubilities calculated using As =  0.7, 
A k — 0.4 and A n =  2.0. The value of A n is not 
very important except at the highest temperatures. 
This effect is as expected in view of the fact that 
H N 03 is a relatively strong acid at the lower 
temperatures, and at any temperature its acid quo­
tient K h n o , is much larger than the acid constant 
K°hn o , at the ionic strength values obtaining here. 
From room temperature activity coefficient data the 
value corresponding to A n in the equation for In 
7 *  is about 2 .0 ; the value of A n in equation 1 0  
found to give the best over-all fit in the present 
work, however, was about 0.5, although the value of 
this parameter was not as critical as those in equa­
tions 1 and 9.

Calculations also were performed assuming 
H N 0 3 is a strong acid over the entire temperature 
range. These values are given in Table I for the 
three highest concentrations of H N 03. As can be 
seen, a slightly better fit is obtained if equations 8  
and 10 are used at the highest temperatures. If 
the incomplete dissociation of H N 0 3 is ignored, 
then the value of A s giving the best fit is larger,
1. e., A s =  0.7 with A k =  0.4.

If the values of As, A K and A N which give best 
fit are made to vaiy as i.e., if the value of
à is assumed to be constant, the net effect is to pro­
duce poorer calculated solubilities of AgsS04 than 
if the (DT) variation is omitted. This is espe­
cially true at the higher temperatures where the 
calculated values become too low.

As in the previous solubility systems studied the
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temperature independence of the A -parameters may 
imply that the (DT)~ l/* variation of the A -values 
may be just about offset by a decrease in the & (“ dis­
tance of closest approach” ) values or in the sol­
vent density with temperature.

Hence it appears that expressions of the Debye- 
Hiickel type can be used to describe the solubility

of AgsSCh in H N 0 3 solutions over a wide range of 
concentration and temperature. It is further con­
cluded that the principal species obtaining in solu­
tion are those assumed to exist.

Acknowledgment.—The authors wish to express 
their appreciation to L. N. Cain for performing the 
experimental solubility measurements.
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The solubilities of tantalum and cobalt were determined by equilibrating sodium in tantalum and cobalt vessels at three 
temperatures. The sodium was irradiated in the Materials Testing Reactor. The solubility values were determined from 
a separation and counting of active isotopes in the sodium metal. Tantalum solubility ranged from 0.032 to 2.9 parts per 
million from 325 to 525°. The range on cobalt was from 0.28 to 0.1 part per million from 365 to 525°.

A cooperative study of activity transport in 
sodium-cooled systems was conducted by a group 
of laboratories. 2 - 4  These investigations were con­
cerned with radioactivity produced in the struc­
tural materials of a power reactor and transferred 
by the sodium coolant to other parts of the system. 
Radioactivity deposited in parts of the system out­
side of the reactor proper could limit personnel ac­
cessibility for repair or maintenance. Although 
this problem was found to be of only limited im­
portance, radioactivity was produced in type 347 
stainless steel that could have been serious if 
transported in large amounts. The isotopes of 
most importance were formed by these reactions: 
Fe54(n,p)Mn54, Co59(n,7 )Co60, Ta18I(n,y)Ta182 and 
Cr50(n,7 )Cr51. As part of this program the solu­
bility of tantalum and cobalt in sodium was de­
termined at the Naval Research Laboratory.

Experimental
Method.—The solubility determinations were made by 

equilibrating sodium in tantalum and in cobalt vessels in a 
series of runs at three temperatures. At the end of the 
equilibration period, the sodium was withdrawn at tempera­
ture in a quartz pipet. Each sodium sample, with monitors 
of tantalum, cobalt and iron, was sent to the Materials 
Testing Reactor for irradiation. Subsequent radiochemical 
analysis of the sodium and the monitors permitted the solu­
bility to be calculated.

The runs were made by distilling sodium in a stainless 
steel still, at a pot temperature of 450-500° and a pressure 
of 0.1 ¡x, into a Pyrex receiver fitted with a filter. The 
sodium was filtered at just above the melting point into a 
stainless steel equilibration apparatus containing a cobalt 
or a tantalum vessel. These vessels were in the form of 
test-tubes approximately 2.2 cm. i.d. and 17 cm. long and 
were inserted in a Type 347 stainless steel container approxi­
mately 3 cm. i.d. and 19 cm. long. The upper part of the 
container was fitted with a stainless steel filling tube and a 
stainless steel vertical arm connected through Kovar to a 
glass assembly for sampling purposes. The filling tube 
extended into the tantalum or cobalt vessel to minimize 
splattering. The apparatus was sealed off with 300-400

(1) Presented at tlie Division of Analytical Chemistry, 133rd Meet­
ing, ACS, San Francisco, Calif., April, 1958,

(2) F. G. Haag, Chem. Eng. Progr. Symp. Series, 53, 43 (1957).
(3) U. Hashimoto, Nippon Kunzoku Gakkai-Si, 2, 07 (1938).
(4) C. B. Jackson, et at., “ Liquid Metals Handbook,’ ’ 3rd ed.,

pages 134—151, Government Printing Office, 1955.

mm. pressure of argon in the vessel and transferred to a con­
trolled furnace, maintained at the desired temperature. 
The tantalum runs were made at 325, 425 and 525° and the 
cobalt runs at 365, 425 and 525°. The samples were equili­
brated 24 hours with electromagnetic stirring and then con­
nected to auxiliary apparatus by a side-arm spherical joint. 
The system was opened through a "break-offski”  in the 
side-arm and argon admitted. With argon flowing through 
the system, a quartz pipet was inserted through the vertical 
arm and all of the sodium (approximately 35 g.) withdrawn 
at temperature. Monitors forwarded with each sodium 
sample for irradiation were individually scaled in quartz. 
The conditions of the experiments precluded the taking of 
sodium samples for oxygen analysis. Similar experiments 
at this Laboratory lead to the assumption that the oxygen 
content of the sodium was in the range 0 .001- 0.002 wt. % .

Chemical Procedures.— The analytical procedures in­
volved complete solution of the sample, addition of inactive 
carriers in known amounts, and treatment with HF-HNO3-  
ILSO4 and later H20 2. Following this, gross separations 
of the elements were made, followed by rigorous decontam­
ination steps. These procedures previously had been tested 
and found to give excellent decontamination from other 
activities present or suspected. The separations were 
adapted from the work of Meinke5 and others.6 A known 
weight of the separated material (usually 50 mg.) was 
mounted in a reproducible manner on a plastic holder using 
a trace of collodion as binder. Aliquot size was adjusted 
so that the counting rate of the mounted sample fell in the 
range 100-5000 c./m .

Counting Techniques.—The samples were counted on 
standard /3-counting equipment (the y from Zn65 was counted 
with low efficiency) using halogen-filled, end-window G -M  
tubes. The equipment was calibrated using standards pre­
pared from National Bureau of Standards solutions of C14, 
Co60, Sr90 (Y 90), RaD-E and P32. Corrections for sample 
weight, absorption, back-scattering, geometry and window 
thickness were applied.

Results
The results of the radiochemical analyses of the 

sodium samples from the tantalum studies are 
given in Table I. All activities are corrected to 
the out-of-pile date. In Table II is given the 
Ta182 activity found in the corresponding monitors. 
Fe59, Co60 and Sn123 activities also were found but 
were a factor of 1 0 7 lower than the tantalum ac­

ts) W. W. Meinke, U. S. Atomic Energy Comm. AECD-2738 
(Aug. 1949), AECD-3084 (Mar. 1951).

(6) Los Alamos Scientific Laboratory. “ Collected Radiochemical 
Procedures.”  LA-1721 (Dec, 1954),
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tivity. The sodium samples and monitors were 
irradiated for 16.6 days at a reported flux of 1 X 
1 0 14 thermal neutrons/cm. 2/sec. Calculations of 
the flux from the tantalum monitor activity found, 
and substantiated by the activity levels of the co­
balt and iron monitors, gave values of 2 .8 , 2 . 8  and
1.3 X 1 0 13 for the three experiments. The cal­
culated reduction in flux due to the irradiation con­
tainers was approximately 10%. The flux differ­
ence encountered may have been due to shadowing 
by other samples. This information is cited only 
to inform other experimenters of the necessity of 
using adequate monitors.

T a b l e  I
R a d io a c t iv it y  F ou nd  in  Sodium  fr o m  T a n ta l u m  E x p e r i­

m en ts

Isotope
Expt.

no. 1 (32ö°), 
d ./m ./g . Na

Expt.
no. 2 (425°), 
d ./m ./g . Na

Expt.
no. 3 (525°), 
d ./m ./g- Na

Agno (5.5 X 105 0.9 X K)3 2.0 X I08
Cd113 8.5  X 104 1 .1 X  103 3.0  X 10‘
CoCT (5.(5 X 10* 7.8 X 10* 3.3 X 104
Fe59 3.5  X  IO3 4.0 X I03 2.4 X K)4
Sb!24 9.4 X 103 1.4 X 104 0.0 X 104
Sn123 (5.0 X 102 F I X  103 8.1 X 102
Zn63 1.1 X 103 2.1 X 103 F O X  103
Ta182 8.7 X 10« 2.1 X 10s F 0  X 107

T able II
R a d io a c t iv it y  F ound  in T a n t a l u m  M o n ito rs

Isotope
Expt. 
no. 1

d./in ,/g. Ta
Expt. 
no. 2

d./tn./g. Ta
Expt. 
no. 3

d ./m ./g. Ta
T a182 1.14 X 1013 1.13 X 101S 0.55 X 1Ü13

The solubility of tantalum in sodium in grams/ 
gram may be calculated by dividing the d./m. of 
Ta182 per gram of sodium in Table I by the corre­
sponding d./m. of Ta182 per gram of tantalum. 
The concentration of the other elements present 
whose isotopes are reported in Table I may be cal­
culated from cross section and flux data. These 
results with a sub-total of the impurities arc given 
in Table III. It should be emphasized that the 
tantalum solubility figures are not dependent on 
flux or cross section data.

T a b l e  III
E ffect  of T e m p e r a t u r e  on t h e  C o n c e n tr a t io n  of

I m p u r itie s and  So l u b il it y  <of T a n talu m in  Sodium
Expt. Expt. Expt.

no. 1 (325°), no. 2 (425°), no. 3 (525°),
Element p.p.m. p.p.m. p.p.m.

Ag 0.04 0 .0 0 0.1
Cd . 1 . 1 .08
Co .002 .002 .02
Fe .4 .4 5
Sb .004 .000 0.05
Sn .2 .3 .4
Zn .6 F I 2

Total 1.35 1.97 7.05
Ta 0.032 0 . 1 0 2 . 0

The corresponding data for the cobalt experi­
ments are shown in Tables IV, V and VI. The 
samples for these experiments were irradiated 15.4 
days at a reported flux of .1. X 1014 thermal neu­
trons/cm.2/scc. Calculation of the flux from the 
monitors gave values of 3.5, 4.2 and 2.0 X 1013.

Activities in the cobalt monitors other than CoG0 
were of the order of 1.0 5 lower than the Co6() activity.

T a b l e  IV
R a d io a c t iv it y  F ound  in  Sod iu m  fro m  C o b a lt  E x p e r i­

m en ts

Isotope
Expt.

no. 4 (3(55°), 
d./m ./g. Na

Expt.
no. 5 (425°), 
d ./m ./g . Na

Expt,
no. (! (525°). 
d ./m ./g . Na

Ag110 5.9 X  107 5.6 X 107 2.7 X 107
C d " 3 0.0 X JO3 5.0 X 103 5.0 X 103
F e39 1.5 X 10* 5.0 X 103 8.5  X 103
Sb124 0.0 X 103 8.1 X 104 3 .0  X 104
Sn123 1.8 X 102 1.0 X 102 1.6 X 102
Zn65 3.5 X I03 i . (5 X 103 5.5  X 103
Co60 F2 X 10* F l  X  105 2,1 X 108

T a b l e  V
R a d io a c t iv it y  F ound  in  C o b a lt  M o n ito rs

Isotope
Expt. 
no. 4,

d./m ./g. Co
Expt. 
no. 5.

d./m ./g. Co
Expt, 
no. 0,

d ./m ./g . Co
Co8" -15.27 X 1012 5.19 X 1012 2.40 X 1012

T a b l e  VI
E ffect  of T e m p e r a t u r e on  th e  C o n c e n tr a t io n  of

I m p u r itie s  an d  S o l u b il it y  of C o b a l t in  S odium

no. 4 (3i>f>°),
Expt.

no. 5 (425°),
Expt.

no. (5 (525°),
Element. p.p.m. p.p.m. p.p.m.

Air 3 3 3
C d 1 0.5 1
Fe 0.1 .4 1.4
Sb .003 .02 0.02
Sn .04 .02 0.07
Zn 1.7 .6 5

T otal 5.8 4.5 10.5
Co 0.028 0.021 1.00

Discussion
The solubility data for tantalum in sodium gives 

a fair straight line presentation when the log of the 
solubility is plotted against the reciprocal of the 
temperature. The presence of impurities shown in 
Table III would tend to throw some question on 
the validity of the experiments. The impurities 
found are typical for sodium exposed to stainless 
steel. Elements such as silver, cadmium, anti­
mony, tin and zinc are soluble in sodium and are 
readily leached from stainless steel. Presumably 
they were present from the distillation and filling 
operation. However, the over-all increase in im­
purities with temperature indicates refluxing and 
leaching from the stainless steel filling tube. Un­
fortunately a blank on the filling operation was not 
made as this would have given information on the 
extent of leaching. Difficulty might be obviated 
by the use of an all tantalum system. A point of 
conjecture too, is the question as to whether the 
measurement of solubility, in the case of relative 
insoluble components such as iron, nickel, cobalt 
and tantalum, is a measure of the solubility of the 
metal or of possibly a double oxide of sodium and 
the metal. This may be significant in considera­
tion of the fact that the low oxygen content of 
these systems is still sufficient to account for these 
oxides.

A plot of the log solubility of cobalt against the
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reciprocal of temperature indicates a possible error magnitude as the value for cobalt as an impurity 
in the 425° point. This could be due to the in sodium-potassium alloy reported by Smales.7 

transformation of cobalt occurring in the range 420- {7) A A S m a lP s . P r o r . I n t . c „ „ f .  P e a ce fu l  u s e s  A t o m ic  E n e r g y

486°.2 The values at 365 and 425° are of the same (Geneva. Aug. s-2 0 , 1055). 0 , 27:} 0 0 5 6 ).

ON A MODEL FOR THE HELIX-RANDOM COIL TRANSITION IN  
POLYPEPTIDES.12 I. THE MODEL AND ITS THERMAL BEHAVIOR

B y L eonard  P eeler3
Frick Chemical Laboratory, Princeton University, Princeton, New Jersey 
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An Ising partition function is employed to describe a range of configurational states of a long polypeptide chain in dilute 
aqueous solution. A thermal transition from an essentially helical to an essentially random coil state occurs in a cooperative 
fashion. The transition temperature depends only on the magnitude of the difference in nearest neighbor interaction 
enthalpies and the difference in entropy between the amino acid residues in the helical and random coil forms. An ex­
tremely sharp transition occurs when the likelihood of adjoining units being in different configurational states is small. 
Operationally defined enthalpies and entropies for the transition arc discussed.

Introduction
The studies of Doty, Blout and their collabo­

rators4 - 6  have strikingly demonstrated the existence 
of structural transitions for a number of synthetic 
polypeptides in solution. The«* structural changes 
have been interpreted as reversible transformations 
between helical and randomly coiled states for the 
macromolecules. Concurrent with this experi­
mental work there has been an interest in the de­
velopment of models to explore certain thermody­
namic aspects of this transition as influenced by 
various factors, e.g., temperature, solvent composi­
tion and charge interactions.7* ’13-8 -1 1

While these transformations arc of enormous in­
terest in themselves, their discovery has had the 
further important result of focusing attention on 
the possible occurrence of similar transitions in 
many proteins. 1 2 -1 4  The phenomena of protein

(!) Taken in part from a thesis presented to Princeton University 
in partial fulfillment of the requirements for the Ph.D. degree, Novem­
ber, 1957.

(2) Presented in part before the Division of Biological Chemistry, 
I33rd National Meeting of the American Chemical Society, San 
Francisco, April 13-18, 1958, and more extensively before the Division 
of Physical Chemistry—Symposium on the Statistical Mechanics of 
the Helix-Random Coil Transitions in Polypeptides and Polynucleo­
tides, 134th National Meeting of the American Chemical Society, 
Chicago, September 7 12, 1958.

(3) Department of Chemistry, University of Wisconsin, Madison, 
Wisconsin.

(4) P. Doty and J. T. Yang, J. Am. Chem. Roc., 78, 498 (1959).
(5) P. Doty, A. Wada, J. T. Yang and E. R. Blout. J. Polymer 

Sci., 2 3 , Symposium on Macromoleculcs Part 2 , 85 (1957).
(6) P . Doty, K. Imahori and E. Klemperer, Proc. Nat. Acad. Sci., 

44, 424 (1958).
(7a) J. A. Schcllman, Compt. rend. Irav. lab. Carlsberg, Sir. chim., 

2 9 , 230 (1955).
(7b) J, A. Schellman, Tins J o u r n a l ,  62, 1 185 (1958).
(8) B. H. Zimin and J. K. Bragg, J. Chem. Pliys., 28, 1246 (1958).
(9) J. H. Gibbs and K. A. DiMarzio, ibid., 28, 1247 (1958).
(10) S. A. Rice, A. Wada and E. P. Geiduschek, Disc. Faraday 

Soc., in press.
(11) T. L. Hill, J. Chem. Phys., 3 0 , 383 (1959).
(12) W. F. Harrington and J. A. Schellman, Compt. rend. Irav. lab. 

Carlsberg, Ser. chim., 3 0 , 21 (1956).
(13) J. T. Yang and P. Doty, J. Am. Chem. Soc., 79, 761 (1957).
(14) For a recent review which discusses configurational changes in 

proteins and their relation to the helix-coil transitions in polypeptides 
sec W. Kauzmann, The Physical Chemistry of Proteins in "Annual 
Review of Physical Chemistry,”  Annual Reviews, Inc., Palo Alto, 
Calif., 1957 , Vol. 8. pp. 413-438.

denaturation, while undoubtedly involving effects 
not encountered in single polypeptide chains, do 
exhibit a number of interesting parallels with the 
helix-coil transitions. Some of these similarities 
may be illuminated bv consideration of a simple 
model for the polypeptide transformations.

The Partition Function for the Polypeptide.— In 
developing a model for the helix-random coil 
transition of a single polypeptide chain, the central 
problem is the construction of a partition function 
which will be applicable to a range of configurational 
states. In Fig. 1 three such states arc illustrated. 
Figure la depicts the helical or completely ordered 
state with the maximum number of intramolecular 
hydrogen bonds. So far as these short range inter­
actions are concerned, this form represents the 
state of minimum internal energy. Figure lc  
depicts the random coil or completely disordered 
state with the maximum rotational freedom about 
the polypeptide backbone. This form represents 
the state of maximum configurational entropy. 
Figure lb  depicts an intermediate configurational 
state with alternating random coil and helical re­
gions. Under given conditions this form may be 
the most probable state for the system, i.e., the 
state of minimum free energy. 15

At the junctions between helical and random coil 
regions there will be a certain number of residues 
which are hydrogen bonded to only one nearest 
neighbor residue. The residues in the body of a 
helical region are hydrogen bonded to two nearest 
neighbors while those in random coil regions are 
considered not to be intramolecularly hydrogen 
bonded. However, these terminal helical residues 
with one broken hydrogen bond have presumably 
acquired little more librational entropy than those 
in the body of a helix. We assume that there will 
be three such residues at each junction between a 
helical and a random coil region for an a-helix.

(1 5 )  E v id e n c e  in  s u p p o r t  o f  th e  e x is te n ce  o f  th is  in t e r r u p te d  h e lix  
w a s  p re se n te d  b y  P . D o t y ,  J . T .  Y a n g  a n d  J . R .  F r e s c o  b e f o r e  t h e  
D iv is io n  o f  P h y s ica l  C h e m is t r y — S y m p o s iu m  o n  t h e  S t a t is t ic a l  M e ­
c h a n ic s  o f  t h e  H e lix -R a n d o m  C o i l  T r a n s it io n s  in  P o ly p e p t id e s  a n d  
P o ly n u c le o t id e s ,  1 3 4 th  N a t io n a l M e e t in g  o f  th e  A m e r ic a n  C h e m ic a l  
S o c ie t y ,  C h ic a g o .  S e p te m b e r  7 -1 2 ,  195 8 .
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Schellman7a has earlier pointed out the significance 
of these atypical residues in determining the mini­
mum sized helix which is more stable than the cor­
responding random coil.

The isothermal-isobaric partition function (A) 
for a polypeptide can be written formally as
a  =  E  o(Nh, Nc, tf.,,)

(A/’h,JVcW)ih,Arcc,iVlio)
V h  —  Vho) f ^ ' x N h c  f c x N c  g~a'(colili jViih-f- wccVccT &>hcWl>c)//iT

(1)
Arh and N0 are, respectively, the numbers of helical 
and random coil units where a unit consists of x 
residues taken to be three for an a-helix. /h and / c 
are the partition functions for the internal degrees 
of freedom of helical and random coil residues, re­
spectively. fix is the partition function for the 
terminal helical residues. ATh and Arcc are the 
number of pairs of neighboring helical and random 
coil units, respectively. Ari,c is the number of pairs 
of units, one of which is helical and the other ran­
dom coil, u’hh, wcc and u v  are the corresponding 
heats of interaction per mole for these pairs of near­
est neighbors.

For a polypeptide chain consisting of Ar amino 
acid residues, it follows from the definition of Ah, 
and N0 that

x(N h +  Nc) =  N  (2a)
Moreover, regarding each residue as having two 
nearest neighbors we have

2 tfhh +  N h o =  2.Vh (2b)
2Ncc +  iVhc = 2iVo (2c)

Utilizing equations 2b and 2c the expression for A 
can be given in terms of Nh, Nc and AT0 as

A =  E  o (N h, Nc, N n c ) ( j ^ ( h W < y u c ) ^  ( 3 )
(Vh.A'c.lVhc)

where
ih  =  (/hê w \ ,h / R T ) x ) j 0 =  ( f ce ~ t c c c / R T ) x } a n d

Vhc■ r&
La

{> (who —  tohh/2 —  w c c / 2 )/ R T

The appropriate combinatorial factor (¡7) for a 
long polypeptide chain is given in the usual form 
for a one dimensional Ising model as

g ( N N c ,  NhC)

There are Arhc/2 helical and random coil regions 
among which the Nh and Nc helical and random coil 
units are distributed.

Equilibrium State.—The free energy per mole of 
the polypeptide chain is given by

F — ~ R T  In A (5)
A may be approximated by its maximum term (¿max) 
in equation 3 which is obtained from the two condi­
tions15

(6a)

(16) For general methods of treating the one dimensional Ising 
model see T. L. Hill, “ Statistical Mechanics,”  McGraw-Hill Book 
Co., Inc. New York, N. Y., 1956, pp. 318-327.

Fig. 1.—The two extreme configurational states (a and c) 
(and an intermediate configuration (b) of the polypeptide.

[Ò(ln on
L àN c J  Vhc

-  0 (6 b )

Employing Stirling’s approximation for In t and 
equating the derivative with respect to ArhC to zero 
as in equation 6 a yields

W » ) !_______________ =  4(m y
M ,c V jVc _  Ah,c)  (AbhXMc) u "c;

(7a)

Similari}'- equation 6 b combined with equation 2a 
yields

(w - %)
fa
fa

(7 b )

These two simultaneous quadratic equations in 
AT, AT and ArhC coupled with equation 2 a can be 
solved for the variables in terms of the parameters 
jc/jb and ?/ilc2. It is first convenient to define the 
quantities X c =  xNc/Niu\d Xh — xNh/N where X c is 
the fraction of random coil residues and Xh the frac­
tion of helical residues. The quantity xNhc/N is the 
fraction of terminal helical residues which are hy­
drogen bonded to only one nearest neighbor.

The solution of the above equations for X c is

- Vi D  ±  C - + i ) v’]  (8a)
where the composite parameter q is equal to [ 1  — 
(jc/jh)]~/(yhc)2 Oc/Jh). The correct sign to choose
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corresponding to the state of lower free energy will 
he indicated below. The fraction of atypical helical 
residues is given by

S>">* ( r h ) + <*•>■ ( r f * ) ] *  -
N  '  U -  (t/...)*]

(81>)
A positive sign for the square root must be taken 
for xNhC/N to be greater than zero when ?/|)C is less 
than one as will be the case throughout this dis­
cussion.

The difference in free energy between the poly­
peptide in its equilibrium state and in the com­
pletely helical state (X c =  xNuc/N =  0 ) is given by

t r  -  -  fx L(1  -  Xc)( In (1 -  Xc) +  (Xc) In X0

( l  -  X , - ' w ’ M 1 -
Y  x X h c \

c 2 N )
(  -y Æ'iVhc'N 
V e 2 N )

In < * . ) ]  - x \J \J
where the maximum term has been utilized in equa­
tion o. For a given value of xN\l0/2N, the term in 
brackets is obviously unchanged in value when X c 
is replaced by 1 — X c, i.e., if either root of equation 
8  is substituted. However, for j c./jh <  1 the last 
term will make a smaller positive contribution to 
the free energy change if V c <  1/2, i.e., if the nega­
tive root is chosen. Similarly for jjj\ x >  1 , X c >  
1A and the positive root must be chosen. For j c,/jh 
=  I, then AT = x/2. This sign ambiguity can be 
removed by writing equation 8 a in a somewhat less 
compact form

X c .. j , , M  -  0  1

The over-all free energy difference between the 
completely random coil and the completely helical 
states is given bv equation 9 with X c =  1 and xNhJ 
AT =  0.

* r  -  -  ~ 1" ( | )  -  jv(«w -  ...... -

N R T  In  F )  -  -V (a ;i  -  7 a , (1 0 )

The assumption that the free energies of helical 
and random coil residues are independent of the size 
of the regions in which they are located permits the 
expression of the parameter j c/jh in terms of an over­
all heat (A/i) and entropy (As) of reaction per amino 
acid residue as in the above equation.

When j c/jh =  1 , AF given by equation 10 is zero. 
The temperature where this occurs is designated 
the transition temperature (1\) and is given by Ah/ 
As. This definition of the transition temperature 
is identical to Schellman’s73, for a very long poly­
peptide chain.

Thermal Behavior of the Model.—In order to 
describe the thermal behavior of the configuration 
of the polypeptide, the temperature dependence of 
the two parameters jc/jh and yil0 must be specified. 17

(17) The parameters j c/)h and j/i,c? play the same role as tho quan­
tities s and <7 which appear in the treatment of Zimm apd Bragg A

We identify the heat of reaction (Ah) with the en­
thalpy change on severance of a peptide-peptide 
hydrogen bond in water and choose a value of 2  
keal. for this quantity. This is to be compared with 
a value of 1.5 keal. suggested by Sohellman18 for 
this quantity from the estimated heat of dimeriza­
tion of urea in aqueous solution. With a strongly 
hydrogen bonded solvent such as water this quan­
tity might be better described as a heat of hydrogen 
bond interchange in accordance with the following 
chemical reaction where the number of hydrogen 
bonds is conserved19

^>N— I I - . -O -C ^  +  H^>0--H — 0

\  / H  I F  /
^ > N — H - C X '  +  X > ~  II- • • 0 = C < ^

The heat of the above reaction might he slightly 
positive, but it may be substantially smaller than 
the energies of hydrogen bonds usually quoted. 20 
The latter refer to a process in which such a bond is 
ruptured leading to a state with no intact hydrogen 
bonds.

For these purely illustrative calculations we 
utilize a value for As of 6  e.u. Schellman7a has 
pointed out that an upper limit to this entropy due 
to internal rotation about the polvpep' ide backbone

3
is given by R In (JJw-i) where m\ is the number of ro-

1—1
tational minima for each of the three bonds in each
amino acid residue in the chain. From the work of 

2
Pauling and Corey21 JJto, =  36 where the irons form

i = 1
of the amide bond is regarded as being substantially 
more stable than the cis. This of course assumes 
all the rotational minima for a given bond are of 
equal depth— an approximation which is justified 
in determining an upper limit for As. However, 
this neglects the contribution to the entropy change 
of the difference in solvent interactions with the 
helical and the random coil states. Perhaps as im­
portant is the fact that many configurations of the 
chain consistent with the rotational minima must be 
ruled out because they permit overlap of remote 
segments of the chain— the so-called excluded vol­
ume effect of polymeric coils. This last complica­
tion which cannot be described as a nearest neigh­
bor interaction may vitiate the assignment of a ro­
tational entropy per residue independent of the 
size of the random coil region and indeed of the 
size of the chain itself. In any event, all these 
considerations coupled with the neglect of libra- 
tional entropy in the helix combine to justify an 
upper limit of about 7-8 e.u. for As due to increased 
rotational freedom of the backbone.78' However, 
an increase in rotational freedom of the amino acid 
side chains in the random coil over the helical form

(18) J. A. Sehellman, Compl. rend. trav. lab. Carlsberg, Ser. cldm., 
2 9 , 223 (1955).

(19) W. Kauzmann, in W. D. MeElroy and B. Glass, “ The 
Mechanism of Enzyme Action,”  Johns Hopkins Press, Baltimore, 
Md., 1954, p. 73.

(20) C. A. Coulson, "Valence,”  Oxford University Press, London, 
1952, p. 301.

(21) L. Pauling and R, Corey, /hoe. Natl. Acad. Sci., 37, 729
(1951).
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270 300 330 360 390
T, °K.

Fig. 2.—The logarithm of the fraction of residues in the 
random coil configuration (X .) plotted against the absolute 
temperature {T, °K .): curve a, terminal helical residues 
having no librational entropy; curve b, terminal helical 
residues having a librational entropy of 2 e.u.

would bo expected to make a further positive con­
tribution to As.

The above values of Ah and As suffice to define 
the temperature dependence of jjjh . as well as the 
transition temperature. At the junctions between 
helical and coil regions there are no intact hydrogen 
bonds so

W cc —  tWlili =  U'hc — Whh

If Ah is identified with ww — he.f the tempera­
ture dependence of fc/fh is ignored, we have a par­
tial specification of y\lc. Only the magnitude of 
fii/fh remains to be determined.

In Fig. 2  log A c is plotted against the absolute 
temperature for two values of/ii/jV  Curve a which 
has been calculated for /}, equal to /T  indicates a 
sharper transition than curve b where R In /h//h has 
been set equal to 2  e.u. The transition tempera­
ture is the same for both plots being equal to Ah/ 
As or about G0°. Allowing the terminal helical 
residues some measure of librational entropy has 
the expected effect of broadening the temperature 
range in which conversion of the helix to a random 
coil takes place. At temperatures well below the 
transition temperature where helical imperfections 
first begin to appear q »  4 and X c equals l/q as 
can be seen by expansion of the square root in 
equation 8 a. Similarly at temperatures well above 
Tt where the polypeptide is essentially a random 
coil, Xh is given approximately by 1 /q.

In Fig. 3 X c is plotted against the absolute tem­
perature for fh equal to /jj, i.e., assuming no en-

T, °K.
Fig. 3.— The fraction of residues in the random coil con­

figuration (X c) plotted against the absolute temperature 
(T, °K.) in the vicinity of the transition temperature. The 
parameters are the same as for curve a of Fig. 2.

270 300 330 360 390
T, °K.

Fig. 4.— The logarithm of the fraction of terminal helical 
residues {xNuJN) plotted against the absolute temperature 
( T, °K.). The parameters are the same as for curve a of 
Fig. 2.
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Fig. 5.— The logarithm of the “ equilibrium constant”  
X J (  1 — X c) for the hypothetical reaction : helical residue

random coil residue, plotted against the reciprocal of the 
absolute temperature ( T , °K .). Curves a and b have been 
calculated employing the same parameters as for curves a 
and b, respectively, of Fig. 2.

hanced librational entropy for the terminal helical 
residues over those in the body of a helical region. It 
is apparent that the transition from helix to random 
coil is essentially complete within a range of about 
3°. Increasing the magnitude of Ah sharpens the 
transition and also elevates the transition tempera­
ture. For Ah equal to 3 kcal. and the same estimate 
of As, Tt would be equal to 227°. Hence the poly­
peptide would be essentially helical at all tempera­
tures below the normal boiling point of water. The 
extreme sharpness of such a transition would mili­
tate against its detection. Such a system would give 
no evidence of undergoing a transformation unless 
it were accessible to study in a narrow tempera­
ture region about T t . The qualitative distinctions 
often made regarding the thermal stability of pro­
teins may have their roots in relatively small varia­
tions in the nearest neighbor interactions of the 
different amino acid residues which could greatly 
influence the temperature region where such transi­
tions occur.

The transition is exemplified quite clearly in 
Fig. 4 where the logarithm of the fraction of atypical 
helical residues as given in equation 8 b is plotted 
against the absolute temperature. At temperatures 
well below the transition temperature, the poly­
peptide is predominantly helical with a small num­
ber of random coil regions and hence few' junctions 
and few atypical helical residues. Well above the 
transition temperature the reverse situation holds. 
The maximum occurs at about T t where x h ' u / N  is 
given approximately by yhc. As we have remarked 
above, the .temperature range of the transformation 
is narrowed by decreasing >jh0 so the height of the 
maximum in Fig. 4 is an inverse measure of the 
sharpness of the transition.

“Enthalpies and Entropies”  of Reaction.—The 
ratio X c/(1  — X c) represents the mass action

expression for the equilibrium
helical residue < > random coil residue

There are some conceptual advantages to defining 
enthalpies (A //*) and entropies (A#*) for the above
“ reaction”

(U )

A*S* - R 1„ ( l -  x ) + - T -
(12)

From equation 8 a, ATI* may be written as
\ t ï *  2xA h (13)

where

Ah = Wcc —
_ R T -  d [ ln ( 1 ) ]  _ 2 R T 2 d [In (yhe)} 

u hh x d T  x (IT

At temperatures far below the transition range, 
jc/jh «  1 and q »  4 so equation 13 becomes

A H* =  2xAh (14)

This is consonant with the necessity of breaking 2x 
or 6  consecutive hydrogen bonds to convert the 
minimal sized helical unit of three residues to a ran­
dom coil unit. At the transition temperature jc/ih 
=  1 and q =  0  so the heat of reaction is given by

AH* =  —  (15)
yhc

At the transition temperature X c equals one-half so 
equation 1 2  becomes

which is the usual relation between the heat and en­
tropy change for a first-order phase transition. The 
small size of yhc results in large values of A H *  and 
AS* at Tt.

In Fig. 5 there are customary van’t Hoff plots of 
the log of the apparent equilibrium constant against 
the reciprocal of the absolute temperature over a 
range of about 1 0 ° in the vicinity of the transition 
temperature. The ordinate in the plot might be 
obtained from an analysis of residue optical rota­
tions. As is to be expected, the slope and hence the 
defined enthalpy of reaction at Tt is larger for the 
sharper transition (curve a). In the neighborhood 
of Tt where X c is measurably different from zero 
and one, experimental data may give an effectively 
constant slope when plotted in this fashion. It is 
possible that the large heats and entropies which 
are characteristic of reversible protein denaturation 
as well as polypeptide transitions might be better 
associated with small values of a parameter such as 
yhc rather than with a certain large number of 
hydrogen bonds being severed in an “ all or none”  
manner.

Conclusion
In the previous discussion it has been pointed out 

that a polypeptide whose configurational state can 
be described by an Ising nearest neighbor model 
can undergo a cooperative thermal transition in a
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very narrow temperature range. The cooperative 
nature of the transition derives from the fact that 
a single helical region will be more stable, i.e., have 
a lower internal energy than several such regions 
with the same total number of residues. This situ­
ation arises because of the increased number of 
terminal residues with only one intact hydrogen 
bond in the latter case. Opposed to this tendency 
to accumulate all the helical residues in one portion 
of the chain, there will be the inevitable tendency to 
increase the entropy of the system through the 
greater measure of disorder provided by the dis­
persal of the residues in a number of regions. The 
free energy minimum for the system with respect 
to the number of regions represents a compromise 
between the.se two opposing tendencies. If the 
likelihood of junctions between helical and random 
coil regions as determined by the magnitude of y\lc 
is small, then the polypeptide will always be either 
predominantly a helix or a random coil except in a 
very narrow temperature interval. Viewed in a 
somewhat different way, after the appearance of 
initial breaks in the helical structure, there will be a 
tendency for the random coil content to increase by 
the growth of existing random coil regions through 
the accretion of residues from the neighboring heli­
cal regions rather than by the creation of new ran­
dom coil regions. The propagation of imperfec­
tions in the helical structure will thus occur in a 
cooperative manner at the boundaries of existing 
disordered regions.

A system described by a one dimensional Ising

model will never undergo a transition where dis­
continuities appear at a specific temperature in 
measurable properties. Moreover, as Zimm and 
Bragg8 have remarked, one dimensional system in 
general cannot manifest this type of behavior— a 
fact pointed out a number of years ago by Landau 
and Lifshitz. 22 Nonetheless one may encounter 
arbitrarily sharp transitions in such systems—• 
transformations which may aptly be viewed as 
phase transitions in a somewhat broader context for 
this phenomenon.

The description of the polypeptide as a one-di­
mensional system is justified in so far as hydrogen 
bond formation is concerned because each residue 
can interact with at most two nearest neighbors. 
Such interactions alone suffice to give a coopera­
tive character to the helix-random coil transition. 
Departure from a strictly linear dependence of the 
configurational entropy in a random coil region on 
the number of residues in such a region might create 
the possibility of another cooperative effect—one 
which could not be represented by nearest neighbor 
interactions.
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The oiio-dinionsional Ising model employed in the previous paper (I) has been extended to examine the influence of 
solvent composition and charge interactions in the helix-random coil transition in a long polypeptide chain. Increasing 
the activity of a second component in water, e.g., urea, which interacts preferentially with the random coil residues, pro­
duces a cooperative transition from helix to random coil in a quite narrow activity range. For a very strongly interacting 
component an inverted thermal transition may occur: random coil —► helix with increasing temperature. An approximate 
calculation of the influence of charge repulsions indicates a helix-coil transition in a polyglutamic acid on increasing the pH. 
The transition is accompanied by a considerable ionization of carboxyl groups in a very narrow pH range. The possible 
significance of this type of ionization for the anomalous titration behavior of some proteins is discussed.

Introduction
In the preceding paper4 a one-dimensional near­

est neighbor model was proposed to examine the
(1) Taken in part from a thesis presented to Princeton University 

in partial fulfillment of the requirements for the Ph.D. degree, Novem­
ber, 1937.

(2) Presented in part before the Division of Biological Chemistry, 
133rd National Meeting of the American Chemical Society, San 
Francisco, April 13-18, 1938, and more extensively before the Division 
of Physical Chemistry— Symposium on the Statistical Mechanics of 
the Helix-Random Coil Transitions in Polypeptides and Polynucleo­
tides, 134th National Meeting of the American Chemical Society, 
Chicago, September 7-12, 1958.

(3) Department of Chemistry, University of Wisconsin, Madison, 
Wisconsin.

(4) L. Peller, T h i s  J o u u j j a l , 6 3 , 1194 (1959).

thermally induced hclix-coil transition in a long 
polypeptide chain. This model can be extended to 
consider in an approximate fashion the influence of 
solvent composition and charge interactions on this 
transition. The recent experimental work of 
Doty, Blout and their collaborators has indicated 
the importance of these factors in the structural 
transformations of synthetic polypeptides in solu­
tion.5 - 7  Moreover, the properties of proteins

(5) P. Duty and J. T. Yang, J. Am. Chem. Soc., 78, 498 (1950).
(0) P. Doty, A. Wada, J. T. Y mg and E. R. Blout, J. Polymer ¿¡ci., 

2 3 , Symposium on Macromolecules, Part 2, 85 (1957).
(7) P. Doty, K. Imahori and E. Klemperer, Proc. Natl. Acad■ Sci., 

44 , 424 (1958).
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which are dependent on their configurational state 
display a great sensitivity to these same factors.8 
The behavior of a simple model for a polypeptide 
as discussed below emphasizes the possibility of a 
common origin for the experimentally observed 
phenomena in the polypeptides and the proteins.

Studies of the effect of solvent composition on the 
state of “ folding”  of proteins have been in the main 
restricted to aqueous solutions with some added 
dénaturant present. Many of these dénaturants 
such as urea, guanidine salts, and the various a- 
halo-acetic acids have been presumed to affect the 
configuration of the protein through their capacity 
to form hydrogen bonds with groups which are ex­
posed in the “ unfolded”  state. These dénaturants 
manifest fairly sharp concentration thresholds in 
regard to their effectiveness. Such thresholds ar­
gue for the existence of cooperative effects.

It is tempting to explain the influence of charge 
interactions on protein configuration on the basis of 
the tendency of the net charge repulsions to favor 
an expanded state for the molecule.8 However, it 
should not be concluded that the isoelectric point 
would then necessarily be the pH of maximum sta­
bility. Clusters of charged groups deviating from 
the over-all distribution of polar amino acids may 
produce a structural lability in limiting regions of 
the molecule. These regions may be of chief sig­
nificance in regard to helix-coil transitions in pro­
teins. The limited extent of helical character in the 
compact globular proteins, which has been the sub­
ject of recent investigations, 9-10 points to the possi­
bility that localized charge interactions in these re­
gions may be the principal determinants of pH de­
pendent configurational changes. The approxi­
mate electrostatic calculations for a single polypep­
tide chain which are presented below may then 
have some applicability to proteins.

A. Influence of Solvent Composition on the 
Configurational State of the Polypeptide.— It is 
readily apparent that any molecule which will inter­
act preferentially with either a helical or a random 
coil residue in the polypeptide will strongly in­
fluence the equilibrium number of these residues. 
The action of water discussed in the previous paper 
can be viewed in terms of a preferential interaction 
of this solvent through hydrogen bonds with the 
random coil residues and the terminal helical resi­
dues. This interaction manifests itself through a 
lowering of the energy necessary to break a pep­
tide-peptide hydrogen bond as compared to that 
required in a less polar solvent. With the poly­
peptide at infinite dilution in a single solvent there 
are of course no concentration effects on the transi­
tion.

T h e  role of solvent composition may be consid­
ered in an approximate way by assuming that a 
second solvent component binds preferentially to 
the CO and NH groups of those amino acid resi­
dues whose internal hydrogen bonds have been 
broken, i.e., residues in the random coil regions and

(8) W. Kauznumn, in W. D. McElroy and B. Glass, "The Mecha­
nism of Enzyme Action,”  Johns Hopkins Press, Baltimore, Md., 
1951, ]>p. 7 0 -110 .

(U) V . E. Harrington and J. A. Schcllinan, Compt. rend. trav. lab. 
Carhbery, Her. chirn., 3 0 , 21 (1950).

(10) J. T. Yang and P. Doty, J. Am. Client. Hoc., 79, 701 (1957).

terminal helical residues. The mode of interaction 
of the hydrogen bond forming dénaturants men­
tioned above might reasonably be of this type. 
The number of “ binding sites”  (M) in the polypep­
tide then is given by

M  =  2xNc +  xNhz (1)
where each random coil residue contributes two 
possible sites and each terminal helical residue con­
tributes only one.

The Free Energy of Binding.—The preferential 
binding of a molecule to the polypeptide adds 
another term to the free energy of the system. A 
partition function for this term can be written in 
the following form if there is no interaction between 
the bound molecules

Ab = Ml
(M  — m)\m\ (2)

M  is the total number of sites while m is the aver­
age number of bound molecules, j  and k arc parti­
tion functions for filled and empty sites, respec­
tively. Ab represents the partition function for 
the system polypeptide plus bound molecules. No 
distinction has been made between the N il and CO 
groups with respect to their interactions with the 
solvent system.

The average number of bound molecules is de­
termined by equating the partial molal free energy 
of a bound molecule to one free in solution, i.e.

— RT  [ in  (iU m~ )  +  hi (i)] =  Mu +  RT  in a (3)

where Stirling’s approximation has been employed 
for the factorials in equation 2 . The activity of the 
preferentially bound molecule when free in solution 
is a, and mo is the standard state partial molal free 
energy for this molecule. Equation 3 if solved for 
m yields

_KalU 
1 +  Ka (-1)

where K  is defined as (j/k)cm-RT and may be re­
garded as an equilibrium constant for associa­
tion.

The free energy change per mole (A/'k) on binding 
m molecules to one molecule of the polypeptide is 
given by the free energy of the polypeptide minus 
the free energy of the m bound molecules and the 
free energy of the polypeptide with all M  sites 
empty, i.e., m =  0 .
Af'’b =  —R T  In Ab — (mpo -f- uiRT In a — M RT  In k)

= — ilf/£2’ ln ( l  +  Ka) (5)

where equation 4 has been used for m, and ¡x has 
been expressed in terms of the activity as in equa­
tion 3. Sehellman11 has employed an equation of 
this form to discuss the influence of urea on the “ all 
or none”  transformation of the polypeptide.

The Equilibrium Configurational State of the 
Polypeptide.—The equilibrium configurational state 
for the polypeptide in a binaiy solvent may be 
determined by minimizing the total free energy 
with respect to Nc (or X c) and AT0 (or xN\ie/N).

(11) J. A. Scliclluia.li, Cvnipt. rend. trav. lab. Carlebcrj, iScr. ehim., 29,
230 (1955).
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The total free energy is the sum of equation 9 of 
the preceding paper and equation 5 above with M  
given by equation 1 .

AF = -  “ T  [ (1 -  1,1 0  -  -Y») +  (AT) In (AT) -

( ^ - )  In (yiic) +  ln (I +  /y« )J  -

AT [in  +  2.11 ln (1 +  A 'a ) ]  (fi)

These two minimization conditions yield the fol­
lowing expressions for the fraction of random coil 
residues (AT) and the fraction of terminal helical 
residues (xN]lc/N)

about 9.1. This may be designated conveniently 
as the transition activity (at) following Schellman. 11 
From equation 7a, the transition mid-point is lo­
cated at r equal to zero or

( ? ' )  (1 +  K a,)2* =  1 (8)

At at the fraction of terminal helical residues (xNiw/
N) is given approximately by ?/hc(l +  Kat)x. In­
teraction of the second solvent component with 
these terminal residues thus increases the likelihood 
of junctions between the helical and random coil 
regions and broadens the transition.

From equation 8  it is apparent that the exact lo­
cation of the mid-point of the transition depends 
strongly on the magnitude of K. For example, for 
a value of K  of 10- 2  at 300°K., at equals approxi­
mately 18. The sharpness of the transformation 
necessitates observations in the vicinity of at for its

a;  «

.¡'A |1C
"A“

4/■ì I ±

(ï/lic)1

(4 4 T
( / + 4 )*(1 -I- Kay

detection as in the case of the thermal transition. 
1' 1 At a given temperature at is also greatly affected by

+  (/ac)2 ( - f i )  d  +  -  (i/llc)2( 1 +  KaY*
--------------~ r .l/------------------------d----------------------------------  (7|))
U -  (i/hc)2(l +  Ka)*x\ W }

assuming that 1 >  ;/hC(l +  Ka)x. The composite 
parameter r is equal to

M
T A
Jh/ (1 -f~ K a y ]

On,,)2 i t ) (1 H- K a)u

Inspection of equation (> shows that for a given 
value of xNhc./N the state of lower free energy will 
be given by the root corresponding to the negative 
sign in equation 7a., i.c., AT <  Va, if (jJjh) (1 +  
Ka)2x <  1 . Similarly for (;/c/jfh) ( 1 +  Ka)2x >  1, 
the positive root, i.c., X c >  l/\ corresponds to the 
state of lower free energy.

Helix-Coil Transition Induced by Preferential 
Binding.—A cooperative transition from an essen­
tially helical to an essentially random coil state of 
the polypeptide can be produced by increasing the 
activity of the bound molecule. In Fig. 1 X c is 
plotted against the activity of the bound molecule 
for such a transition at 300° K. The values of the 
parameter r in equation 7a have been calculated 
using the values of j c/jh and y\v„ ( /V /h  = 1 ) given in 
the previous paper. The value of K  has been chosen 
as 2  X 10“ 2 at 300°K. with the standard state of 
the bound molecule being a one molar aqueous 
solution. The value of the association constant is 
of the order of magnitude suggested by Schei 1- 
man’s12 estimate of the dimerization constant for 
urea of 4.1 X 10“ 2 at 298°K.

The range of activity of the bound molecule in 
which the polypeptide is transformed from the 
helical to the random coil configuration is quite 
small. This should be compared with the narrow 
temperature range in which this transition is ef­
fected, which was discussed in the preceding paper. 
The sharpness of both transitions is a consequence 
of the small size of ?yilC) i.c., the small likelihood 
of junctions between helical and random coil 
regions. The mid-point of the transition (AT 
AT, = y 2) depicted in Fig. 1 occurs at an activity of

(12) J. A. Schellman, ibid., 2 9 , 223 (1955).

Fig. 1.—The fraction of residues in the random coil con­
figuration (X c) plotted against the activity (a) of a second 
solvent component.

the magnitudes of Ah and As in the pure solvent 
through their influence on j c./jh in equation 8 . The 
fact that for many proteins changes in urea concen­
tration from 4 to 8  M  arc sufficient to bring about 
an increase in the rate of denaturatimi, from im­
measurably slow to extremely rapid is therefore 
strong evidence for both a qualitative and quanti­
tative similarity in its mode of action on these pro­

da) li. Ncurath, J. P. (irccnstcin, F. W. Putnam and J. O. Erick­
son, Chem. Revs., 3 4 , 157 (1944).
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Fig. 2.— Tiie extent of preferential binding (?) to the poly­
peptide of a second solvent component plotted against the 
product of the activity (a) of the component and its associa­
tion constant (IQ.

teins. 13-14 This great variation in rate with rela­
tively small change in urea concentration has been 
interpreted as a high order of reaction for the urea. 18 
These high orders of reaction are evidence for cooper­
ative effects perhaps of the typo discussed above.

The influence of a second solvent component on 
the helix-coil transition has been examined from a 
point of view commonly employed to interpret the 
preferential binding of small molecules to proteins 
in aqueous media. It is perhaps useful to pursue 
this approach somewhat further. From equations 1 
and 4 the fraction of filled sites (v) is given by

=  J ±  -  (  y  _L t YilA  _  
— 2JV V e ^  2 N )  1

Ka
+  Ka (0)

where there arc two potential binding sites for each 
residue (the CO and N il groups) and a total of 2 N 
such sites for the polypeptide.

In Fig. 2, v is plotted against Ka for the values of 
the relevant parameters described previously. For 
Ka greater than about 0 .2 , the binding curve is the 
characteristic Langmuir isotherm for non-interact­
ing adsorption. Below this value of Ka the bind­
ing plot exhibits an upward curvature because of 
the increase of available sites with increasing activ­
ity of the bound molecule. Such sigmoidal binding 
curves have been found with some proteins16 and 
interpreted as arising from attractive interactions 
between the bound molecules. It is well to realize 
that such behavior may occur because of configura­
tional changes in the protein exposing more sites

(14) F. W. Putnam, in H. Neurath and K. Bailey, “ The Proteins,”  
Vol. I, Part B, Academic Press, New York, N. Y., 1953, pp. 807- 
892.

(15) R. B. Simpson and W. Kauzmann, J. Am. Chem. Soc., 7 5 ,  5139 
(1953).

(10) J. R. Colvin, Canadian J. Chem., 30, 320 (1952).

for binding even in the absence of interactions be­
tween the bound molecules. This is clearly the case 
for the polypeptide with the maximum number of 
available sites created at a relatively low degree of 
saturation (v =  0.15).

Thermal Transition in a Binary Solvent System.
—For a given value of the activity of the bound 
molecule (approximately a given solvent composi­
tion), equation 8  defines a transition temperature 
for the system. Using the relation between j c/ j\  
in terms of the heat of severance of a peptide- 
peptide hydrogen bond (Ah) and the transition 
temperature (Tt° =  Ah/As) in the absence of the 
second solvent component (a equal to zero) as 
given in equation 1 0  of the previous paper, we ob­
tain the expression

Tt =
Ti°

1 + © " i ' + w
(10a)

If (2R1\/Ah) In (1 +  Kat) «  1 and Kat «  1, 
then the denominator in equation 1 0 a can be ex­
panded yielding

7Y> -  Tt ^  Ĵ p -  (2K)(aQ ( 10b)

Ignoring the temperature dependence of K, Tt° — 
Tt varies directly with a or with the concentration
(c) \i a ~  c. Save for the factor 2K , equation 10b 
is identical to the usual expression for the depres­
sion of the freezing point for macroscopic phases. 
Choosing a one molar solution as the standard state 
for the bound molecule and setting a =  c, then the 
quantity R(Tt°)2(2K / Ah represents a “ molar transi­
tion point depression constant.”  The combination 
of small values of K(2 X 10- 2  at 300°K.) and Ah (2 
keal.) yields a value for this “ constant”  of 4.44 
which is of comparable magnitude to that encoun­
tered for freezing point depressions, e.g., water— 1 . 8 6  
and benzene—5.12. If K  has a small temperature 
dependence as for urea binding (Ahb =  RT2d (In 
K)/dT =  —1.5 keal. from Schellman’s analysis12), 
equation 1 0 a shows an almost linear decrease in Tt 
with increasing a for a 30° temperature range 
below 7\° (333°K.).

It is interesting to note that the lowering of the 
“ shrinkage temperature” of the fibrous protein 
collagen has been found to be a linear function of 
the volume fraction of the ethylene glycol present. 17 
This similarity to the behavior expected for the de­
pression of a melting point has been adduced as 
evidence for the shrinkage process being a true first- 
order phase transition. 17 Such behavior may, 
however, arise in structural transformations of 
macromolecules which are to be regarded as phase 
transitions only in a broader definition of the phe­
nomenon than has been commonly employed.

The preceding discussion has been intended to 
apply to thermal transitions in a polypeptide in 
aqueous solution as influenced by denaturants 
such as urea. The character of the thermal transi­
tion can be altered more profoundly by a second 
solvent component which interacts very strongly 
with the free NH and CO groups.

This may be seen quite clearly by examining the 
temperature dependence of X c at a given value of a.

(17) P. J. Flory and R. R. Garrett, Nature, 177, 176 (1956).
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The behavior of the quantity dX c/d T as obtained 
from equation 7a
<l(Xc)

dT r -1- iL (r +  4 )*/*J
(¿/Iic) (L \( * ) ' '•  (1 + * * ) » ]

( 7-|,2) [ aa +  ( r ^ ^ )  A/ib] (11)

illustrates some of these complexities. Whether 
dX c/d T is positive or negative clearly depends on 
the sign of the factor Ah +  (2/va/l +  Ka)Ahh. In 
the absence of any binding (K  or a equal to zero) 
this quantity reduces to Ah. The heat of rupture 
of the peptide-peptide hydrogen bond in the single 
solvent has been assumed to be positive, otherwise 
the polypeptide would never be in the helical form 
at any temperature. The conversion of helix to 
random coil in this solvent is then an endothermic 
process with increasing temperature shifting the 
equilibrium from helix to random coil.

However, as Ahb would be expected generally to 
be negative, conditions may arise where the factor 
Ah +  (2Ka/l +  Ka)Ahb will also be negative.
(IX JdT  would then be less than zero, and the frac­
tion of the polypeptide in the random coil form would 
decrease with increasing temperature. The opera­
tionally defined enthalpies and entropies discussed 
in the preceding paper would then have large nega­
tive values at the transition temperature as can be 
seen from equation 1 2

A H *  «  —  ( Ah +  , A/ib) =  T tAS*  (.12)
y i»c V 1 +  Kat )

Conversion of helix to random coil in this solvent 
system can be described therefore as an exothermic 
process inasmuch as AII for the over-all process 
equals N(Ah T  (2/Ca/l +  Ka) Ah\f). The inverted 
transition for poly-y-benzyl-i,-glutamate in a 4:1 
by weight dichloroacetic acid-ethylene dichloride 
solvent system found by Doty and Yang5 can be 
explained on this basis. For example, taking Ah =  
4 keal. in pure ethylene dichloride and assuming Ka 
for binding the dichloroacetic acid is sufficiently great 
for Ka/{\ +  Ka) ~  1 , then for the observed be­
havior — Ahb must be greater than 2  kcal.

The transition temperature for the inverted 
transition is increased by increasing the activity of 
the strongly interacting solvent component as can 
be seen from the sign of dTtfdat

d 7 \ ___________ 7 W R K ) _______
da» A/i(l +  KaC) +  2Ahb(K at) { }

when Ah +  (2/vat/l +  Kat) A/ib <  0. For a given 
value of a the quantity Ah -j- (2 /ia /l +  Ka)Ahu 
may be less than zero at low temperatures, and 
greater than zero at higher temperatures, owing to 
K  decreasing with increasing temperature (A/ib <
0). The possibility then arises for a low tempera­
ture inverted transition and a high temperature 
normal transition with helix going to random coil on 
increasing the temperature. The likelihood of ob­
serving this high temperature transition is restricted 
by the temperature range for the existence of the 
solvent system in the liquid state. However, the 
occurrence of temperature minima in the rate of 
urea denaturation of ovalbumin15 and tobacco mo­
saic virus18 may be manifestations of such a phe­

(18) M. A. Lauffer, J. Am. Chem. Soc., 65, 1793 (1943).

nomenon and have been analyzed in essentially 
these terms.

The foregoing discussion has emphasized the 
importance of preferential interactions of the com­
ponents of a binary solvent system in influencing 
the helix-coil transition. In particular, the ran­
dom coil configurational state must be given a 
somewhat wider meaning in the light of these in­
teractions which are dependent on both solvent 
composition and temperature.
B. Influence of Electrostatic Interactions on the 

Configurational State of the Polypeptide
Polypeptides consisting of amino acid residues 

with terminal acidic or basic groups, e.g., glutamic 
acid and lysine, have been shown to undergo the 
transition from helix to random coil by altering the 
pH of the solution in such a way as to increase the 
net charge on the macromolecule. 6'7 Presumably 
the free energy due to these electrostatic interac­
tions increases with net charge more rapidly for 
the residues in the helical configuration than for 
those in the random coil configuration. Eventu­
ally the charge repulsions become of such magni­
tude that they disrupt the hydrogen bonded net­
work of the helix converting it to a more or less 
random coil.

Two causes may be cited for the greater impor­
tance of charge repulsions in helical regions as com­
pared to random coil regions. Firstly, the charged 
groups in helical regions are distributed on an ap­
proximately cylindrical surface which is imperme­
able to mobile ions, while those in a random coil 
region arc distributed throughout a volume perme­
able to these mobile ions. Secondly, a charged 
random coil may expand in such a way as to in­
crease the separation of charged groups and thus 
effectively diminish the magnitude of the electro­
static interactions. This expansion must come of 
course at the expense of rotational entropy for the 
random coil regions.

Incorporation of these electrostatic effects in a 
model for the helix-coil transition involves certain 
difficulties. These difficulties are connected with 
a suitable expression for the partition function and 
hence the free energy of the system. The charge in­
teractions are long range in nature and thus are not 
easily taken into account in an essentially nearest 
neighbor model. However, when the fixed charges 
in the polypeptide are screened from one another 
by added electrolyte, the charge interactions be­
tween nearest neighbors may become of superven­
ing importance. Further, these electrostatic repul­
sions influence the rotational freedom of the random 
coil residues and hence the configurational entropy. 
This complication requires inclusion of an entropy 
of elastic deformation for the random coil regions.

In the following development we make the simpli­
fying but drastic approximation of neglecting the 
charge interactions save within the helical regions. 
This tends to sidestep some of the difficulties enu­
merated above but permits an examination of cer­
tain maximal electrostatic effects. Moreover, such 
an approximate calculation of the effect of pH on 
configurational state does reveal some interesting 
properties of the electrostatically induced transi­
tion.
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Electrostatic Free Energy of the Charged Poly­
peptide.—For a system containing M  groups 
capable of dissociating a proton, e.g., carboxyl 
groups, the free energy (Fe') may be written as

"V  -  ~ RT  ln „ , ! ( / -
(14)

where M  — m is the average number of charged 
groups, e.g., carboxylate ions, j  and k are the par­
tition functions for the isolated groups in the un­
charged and charged states, respectively. The elec­
trostatic repulsions between the charged groups 
contribute the second term in equation 14 where IF 
is a function of the geometry of the system, ionic 
strength, etc. This expression may be simply de­
scribed as a free energy of binding protons includ­
ing interactions between the empty sites.

The average number of bound protons (m) is 
given by the relation stating the equality of the par­
tial molal free energy of a bound proton and one 
free in solution

In +  2 (M  U Y ^ \ =  «  +  RT  In a (15a)

mo is the standard state partial molal free energy of 
a hydrogen ion, and a is its activity under given 
conditions. This expression can be written in terms 
of the degree of dissociation (a) as

__M  — m
=  M

_________1________
1 +  L  e2aMW/RT

(15b)

where K  = (k/j)e~*,/RT and is the so-called in­
trinsic dissociation constant for the isolated group. 
Equation lob is the usual titration expression for a 
polyelectrolyte with one type of dissociable group.

The free energy of the polypeptide (Fe) with m 
bound protons referred to the uncharged polypep­
tide (M — m) as a standard is given by F'e plus the 
free energy of M — m protons minus the free energy 
of the uncharged polypeptide
Fe = F a’ + ( M  ~ m)fx +  M R T  In j  =

M R T  In (1 -  a) -  aH\PW  (16)
It is clear that Fa represents the free energy of 
ionization of M  — m protons from the completely 
undissociated polypeptide at constant pH, i.e., 
constant a.

In order to apply equation 16 to the examination 
of the effect of charge interactions on the helix-coil 
transition, a suitable expression must be found for 
IF. Considering the charge on the dissociated 
groups in a helical region as smeared out on the sur­
face of a cylinder of radius b and length L which is 
impermeable to salt ions, we can write for IF F 9

w  M Ü 2 
h “  \DbL |_iri(x&)J (17)

V a is Avogadro's number, e is the electronic charge 
and D is the bulk dielectric constant of the medium 
external to the cylinder. X is the Debye-Hiickel 
screening parameter equal to [4 7rA/'a2e2Sci2 i2/ 1 0 0 0  
DRT\ w h e r e  the ionic strength (T/2) equals 
2 cp r /2 . Ko and Ki are modified Bessel functions 
of the second kind of zero and first order, respec­

(10) T. L. Hill, Arch. Biochem. Biophys., 57, 229 (1955).

tively. The modified Bessel functions are charac­
teristic solutions of the linearized cylindrically sym­
metric Poisson-Boltzmann equation.

For a given helical region L is a linear function of 
the number of residues, and the quantity L/xNh is 
approximately the repeat distance per residue in the 
a-helix (about 1.5 A. 20). The radius of the cylin­
der (b) equivalent to the «-helix of polyglutamic 
acid is about 5 A . 21

Setting M  equal to xNh, it is apparent from equa­
tion 15b that a is independent of the size of the heli­
cal region as ilfIFh (or xNhWh) is independent of 
the length of the equivalent cylinder. Then F e as 
given by equation 16 is a linear function of the 
number of helical residues. This is approximately 
true provided the different electrostatic environ­
ment of the terminal helical residues is neglected. 
The electrostatic free energy for the polypeptide 
referred to the uncharged polypeptide as a stand­
ard state can be written as
A Fe = xNiART l n ( l  -  an) -  ah^AhTF,)] +

*‘v ' ln ( r f i x )  <18>
where ah is given by equation 15b. The last term in 
equation 18 is the purely statistical contribution to 
the electrostatic free energy made by the distribu­
tion of bound protons within the random coil re­
gions. When IFh is zero, 1 — ah equals (a/K)/( 1 +  
a/K). Hence AFc as given by equation 18 is inde­
pendent of the configurational state of the polypep­
tide as is to be expected physically.

The Equilibrium Configurational State of the 
Charged Polypeptide.—The fraction of residues in 
the random coil configuration is obtained readily 
by minimizing the total free energy of the poly­
peptide with respect to N0 and Nhc- The total free 
energy is given by the sum of equation 9 of the 
preceding paper and equation 18 above. As charge 
interactions have been neglected everywhere except 
in the helical regions, equation 18 does not depend 
explicitly on the number of such regions but only 
on the distribution of residues in the two con­
figurational states. Consequently only the expres­
sion resulting from the minimization condition with 
respect to Nc is modified. The solution of the simul­
taneous quadratic equations gives X 0 in the usual 
form

Xo =  ‘A [ l  ±  ( ¡ - + 4)  ]

where

[ * - ( : i >
(l  +  a/K\ 
\ a/K )

X “ |2(1 — ah)*

(ÿhc)2( t )
1 /1 +  a/K'
V a/K ,)*(! — ai,)* 2«h

Wh is equal to xN^Wh/RT and is thus independent 
of the length of a helical region. The choice of sign 
is then dictated as above : for

1 > (JDFFt̂ T1 ■ “h)‘
the negative sign corresponds to the lower free

(20) L. Pauling and R. B. Corey, Proc. Natl. Acad. Sci., 37, 241 
(1951).

(21) C. E. Hall and P. Doty, J. Am. Chem. Sac... 80, 1269 (1958).
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energy state, and the positive sign applies when the 
inequality is reversed.

The dependence of the configurational state of a 
polyglutamie acid on pH at 300°K. is displayed in 
Fig. 3 for two rather high values of the ionic 
strength (r /2 ). A pK  of 4.6 has been chosen for 
the isolated carboxyl group, 22 and a bulk dielectric 
constant of 80 has been employed. The other pa­
rameters are as indicated in the preceding paper 
with the larger value of y\lc employed. Raising the 
pH results in enhanced dissociation of the carboxyl 
groups and hence an increase in charge repulsions 
with a concomitant increase in the random coil 
character of the polypeptide. The transition is com­
plete within a range of one pH unit. A transition 
pH at which half the residues are helical and half 
random coil is defined by equating $ to zero. In­
creasing the ionic strength of the solution diminishes 
the magnitude of the charge repulsions and dis­
places this transition pH to a higher value, i.e., 
more carboxyl groups must ionize to disrupt the 
helical configuration.

The transformation is well illustrated by the ti­
tration curve for the polypeptide in the vicinity of 
the transition pH as shown in Fig. 4. The quantity 
1 — a is the average fraction of protons bound by 
the polypeptide where a is given by

a — ai,Ah +  acX0 (2 0 )
ac is given by equation lob with W  equal to zero. 
At pH’s below the transition pH the titration curve 
of the polypeptide approaches that characteristic 
of the completely helical configuration, i.e., the 
charged cylinder. At pH’s above the transition pH 
the behavior of the polypeptide approaches that of 
the random coil. In the immediate vicinity of the 
transition pH there is a marked steepening of the 
titration curve of the polypeptide. This steepening 
is manifested by an appreciable ionization of the 
carboxyl groups in a very narrow pH range.

It can be stated quite generally that any electro­
statically induced structural transition will be accom­
panied by an ionization (or a binding of protons) 
which will result in a net charge increase. This ioni­
zation is an inevitable consequence of a change in 
structure from a configuration where charge inter­
actions are important to one where they are less so. 
Moreover, this ionization will be increasingly ex­
tensive with increasing electrostatic instability, 
i.e., for the above calculations the larger w\,. The 
neglect of charge interactions in the random coil 
configurational state make the above estimated 
ionizations maximal within the framework of the 
approximate polyelectrolyte theory employed.

Such ionizations are likely to be very considerable 
for helix-coil transitions in synthetic polypeptides 
and JDNA23 for two reasons. First, all the mono­
meric units in these macromolecules carry dissoci­
able groups. Secondly, relatively great dimensional 
changes occur in a transition between a highly 
asymmetric configuration and a spherically sym­
metric one. These great dimensional differences 
may imply substantially different electrostatic

(22) C. Tanford, S. A. Swanson and W. S. Shore, J .  A m .  C h e m .  S o c . ,  

77, 6414 (1955).
(23) S. A. Rice and A. Wad a, to be published.

Fig. 3.—The fraction of residues in the random coil con­
figuration (X L.) in poRglutamic acid plotted against pH for 
two values of the ionic strength (r/2 ).

Fig. 4.—-The titration curve for polyglutamie acid (solid 
curve) in the pH region of the helix-coil transition, r /2  ~ 1.5. 
The upper and lower dashed curves refer to hypothetical 
polypeptides which maintain the helical and random coil 
configurations respectively throughout this pH region.
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terms in the titration equations for the two extreme 
states.

These remarks may have a bearing on the origin 
of certain phenomena observed with the dénatura­
tion of a number of proteins. A view has grown 
up in the past twenty years that the dénaturation 
of many proteins is induced by the prior ionization 
of certain “ trigger”  groups. These groups, e.g., 
carboxyls and imidazoles in the case of ferrihemo- 
globin24 dénaturation are presumably linked by hy­
drogen bridges to other basic or acidic groups in the 
native protein and are not titratable until the pro­
tein is exposed to extremes of pH. This anoma­
lous titration behavior of a number of proteins has 
been reviewed and interpreted recently by Stein- 
hardt and Zaiser24 from substantially this point of 
view. It is to be noted that in the case of the hemo­
globins, pepsin and other proteins cited by these

(24) J. Steinhardt and E. M . Zaiser in M . L. Anson, K. Bailey and 
J. T. Edsall, “ Advances in Protein Chemistry,’ ’ Vol. 10, Academic 
Press, New York, N. Y., 1955, pp. 151-22G.

authors the binding or liberation of protons occurs 
in a manner to increase the net charge and is ac­
companied by other denaturative changes which 
indicate a structural “ loosening and expansion” of 
the macromolecule. Consequently gross electro­
static effects of the type discussed above must be 
present. Whether these considerations suffice to ac­
count completely for the titration behavior is open 
to question. More details concerning the extent 
of the configuration changes during denaturation 
must be obtained before it will be possible to ex­
amine this point more critically.
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The kinetics of a reaction in which the distillation of one product of the reaction was used to follow the reaction is analyzed 
in terms of the amount of distillate as a function of time. The change in volume of the reacting system must be included 
in the rate equations in such a way that the normal rate constant includes a function of the initial concentrations. The 
transestérification of dimethyl terephthalate (DM T) by ethylene glycol (EG) was studied under conditions designed to 
yield bis-d-hydroxyethyl terephthalate (BHET) as the primary product. This reaction has been analyzed by Griehl and 
Schnock2 who concluded that the reaction followed first-order kinetics. The reaction was reanalyzed because it appeared 
more likely to follow a mechanism of two competitive, consecutive second-order reactions. The data are consistent with two 
competitive, consecutive second-order reactions, but are not sufficiently inconsistent with single first-order kinetics to estab­
lish the mechanism. The analysis of Frost and Schwcmer3 for two competitive, consecutive second-order reactions has been 
generalized for any set of initial conditions. The resultant rate expressions were integrated with a digital computer, and 
selected values are presented.

Introduction
There are many reactions in which the distil­

lation of one of the products drives the reaction 
toward completion. It is convenient to follow the 
course of many of such reactions by the distillate 
collected. Pratt and his co-workers4 used distil­
lation to follow the course of etherification of 
phenylcarbinols and transesterification of their 
alcohols, etherification of benzyl and related 
alcohols, etc. However, no kinetic analysis has 
been published for a distilling system in which the 
volume of the system changes appreciably with 
time.

(1) Presented at the 134th National Meeting of the American 
Chemical Society, Chicago, Illinois, September, 1958.

(2) W . G. Griehl and G. Schnock, F a s e r f o r s c h .  u .  T e x t i l t c c h . ,  8, 408 
(1957).

(3) (a) A. A. Frost and W . C. Schwemer, J .  A m .  C h e m .  S o c . ,  74, 
1268 (1952); (b) A. A. Frost and R. G, Pearson, “ Kinetics and Me­
chanism,”  John W iley and Sons, New York, N. Y., 1953, p. 164ff.

(4) E. F. Pratt, e t  a l . ,  J .  A m .  C h e m .  S o c . ,  7 1 , 2846 (1949); 7 2 , 1367 
(1950); 7 2 , 4638 (1950); 7 5 , 275 (1953); 7 5 , 3739 (1953); 7 8 , 76 
(1956).

In the present case, a. kinetic analysis for a react­
ing system in which changes in volume as well as 
the reaction progress affect the reactant concentra­
tions, has been devised. Interest in this problem 
originated in the course of studies on the kinetics 
of condensation reactions of which the transesteri­
fication of dimethyl terephthalate with ethylene 
glycol is an example.

The classical method of preparing polyethylene 
terephthalate involves a two-step process, the 
first step of which is the above transesterification.

From the organic chemistry involved, it seemed 
that the transesterification reaction probably would 
follow a mechanism comprised of two consecutive 
second-order reactions involving the individual 
transformation of each method ester group on the 
DMT molecule into a /3-hydroxyethyl ester group.

It was necessary to develop a mathematical 
method that was capable of analyzing the data 
obtained from a distilling system in terms of two 
competitive, consecutive second-order reactions in
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which a volume change occurs. The equations 
developed resemble Frost and SchwemerV ex­
pressions, but are generalized to handle other than 
equivalent amounts of reactants and include a 
correction for the volume change. An experimental 
technique also had to bo devised that would give 
suitable, reproducible data.

Mathematical Treatment
1. The Volume of the System Remains Con­

stant with Time.—A reaction system consisting of 
two competitive, consecutive second-order reac­
tions can be represented by

A -f- B — >  C -f- 15 (1)
A +  C — > D +  E (2)

The problem of two competitive, consecutive 
second-order reactions has been considered many 
times by different people5“ 14. As yet there is no 
closed analytical integrated expression to indicate 
the concentrations of the various species with time. 
A general method of obtaining the two rate con­
stants is to determine fa in one experiment, then 
evaluate fa by another experiment, generally with 
rather involved series approximations, or with 
graphical integrations.

Frost and Schwemer3 have developed a method of 
evaluating both fa and fa simultaneously in a single 
experiment, under specified initial concentrations 
so that the rate expressions are analytically integ­
rable. The first objectives in this work were the 
generalization of Frost and Schwemer’s method to 
cover any set of initial concentrations and the eval­
uation of the resulting equations by numerical 
integration using a digital computer. The modi­
fication necessary for the case where the volume 
of the system changes with time will be considered 
later.

The differential equations for the system repre­
sented by equations 1 and 2  with a constant volume 
are

4- fe(A)(C) (3)

-  ^  = *i(A)(B) (4)

where (A), (B) and (C) are expressed as moles per 
liter.

The material balances for equations 1 and 2  are 
A0 = A +  C -f- 2D (5)
Bo — B -f* C 1) (0)

from which the instantaneous number of moles of 
C may be obtained.

C = A -  2B -  (Ao -  2Bo) (7)
where the subscript zero denotes the amount 
present at zero time. Let certain dimensionless 
quantities be defined as

(5) C. K . Ingold, J. C h e m .  S o c . ,  2170 (1031).
(6) M. Ritchie, i b i d . ,  3112 (1931).
(7) F. H. Westheimer, W . A. Jones and R. A. Lad, J .  C h e m .  P h y s . ,  

10, 47S (1942).
(8) D. French, J .  A m .  C h e m .  S o c . ,  72, 4800 (1950).
(9) J. C. Morrow, J. C h e m .  P h y s . ,  23, 2452 (1950).
(10) S. Wideqvist, A r k i v  K e m i ,  8, 545 (1955).
(11) V. F. G. Cook and W. Gerrard, J. C h e m .  S o c . ,  1978 (1955).
(12) T . Bak, A c t a  C h e m .  S c a n d . ,  8, 1733 (1954).
(13) R. L. Burnett and L. P. Hammett, J. A m .  C h e m .  S o c . ,  80, 

2415 (1958).
(14) W. G. McMillan i b i d . ,  79, 4838 (19.07).

a (A )  =  (B) _  (A ) 0
(A)o’ P (B y  M (B)o’ '

r  for t-lic present. = / ¿ [ ( B W

« = j f -  = (m/ 2)(I. -  «) for M 2* 2 
= (1 — a )  for ß  < 2

(S )

By substituting the first line of equations 8  into (3) 
and (7) and then dividing (3) by (4), there is ob­
tained

ß d a / A ß  =  (1 — 2k) -j- Kfxce/ß (ß — 2 ) k//3  (9 )

Equation 9 can be integrated to give

pot = ß -  2  +  ß +  ——  (1 0 )
1  K 1  —  K

Equation 4 can now be rewritten by use of (8 ) to 
give

—d/S =  ßaßd T
which on integration gives

[ - 2  + ( 1 -  2«) 
1 -  K

ß* ~|
1 -  Kj

(ID

(1 2 )

Equation 12 can only be integrated analytically in 
two general cases: (a) when k — 2  or l/2 and (b)
when p =  2 and k is a ratio of integers. It is pos­
sible by numerical integration to obtain r(0 . 
k, p) for selected values of k and p. Intermediate 
values of r(ß, k, p)  then can be found by linear 
interpolation.

2. The Volume of the System Varies with Time.
— If the volume of the system varies with time, the 
differential equations must be modified to correct 
for the change in concentration due to volume 
change as well as reaction and to impose the condi­
tions of a material balance upon the kinetic expres­
sions.

Consider a reacting system in which one of the 
products is distilled as it is formed. The volume of 
the reacting system then varies as a function of the 
volume of the material distilled. Tn the simplest 
case, the volume will vary linearly with the moles 
of distillate obtained, thus

V  =  Vo -  » E  (1 3 )

where v is a molar volume of the distillate chosen so 
that equation 13 is true. Now consider a single 
second-order reaction such as

A  +  B  — >  C  +  E t  k (1 4 )

A material balance requires
E  =  A « -  A  =  Bo -  B

and
A  =  Ao — B q -)- B

(1 5 )

so
V  =  V 0 — vAo +  vA =  Vo -  vBo +  vV (1 6 )

and rearranging
v Fo — vAo _  Vo — tAb 
V ~  J -  v ( Aj  =  1 -  y (B )  ( J

so that the mass balance between A and B may be 
written in terms of concentration

(A )  =  0 +  (B ) (1 8 )
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:md

(A) (A )o  — (B )o  , 1 — t)(A)p 
1 -  îj(B)o ^ 1 -  w(B) 0 W

d(A) _  l _ r  v(A)o
(1(B) 1 -  ¿(B)o K

In order that these equations may be satisfied, the 
rate equations must be written

-  =  [1 -  v ( A ) o ] k ( A ) ( B )  (2 0 )

-  = [1 -  v(B)olfc(A)(B)

where the rate constant must be multiplied by a 
function of the initial concentration of the com­
ponent chosen as the dependent variable.

If either equation 19 or 20 is integrated with the 
aid of the mass balance equation 18, the result is

kt — 1

(B)o -  (A), In VA)o 
I (B)o (2 1 )

Equation 2 1  is almost an obvious result, since 
in this particular case the volume cancels out be­
cause of the ratio of concentrations in the logarith­
mic term. The important point to note, however, 
is that an incorrect result would have been ob­
tained if the differential equations 2 0  had been 
used without the bracketed term, and the mass 
balance equation 18 had been used to eliminate 
the independent variable. In those cases where a 
ratio of concentrations in the integrated form does 
not occur, such as in a first-order equation, or a 
second-order equation with equal initial concentra­
tions, the function in the brackets of equation 2 0  
does appear. This is necessary so that mass 
balance equations of the form of equation 18 may 
be satisfied.

The above result applies to a single second-order 
reaction where one mole of A reacts with one mole 
of B. The same arguments can be applied to any 
order of reaction, and the generalized equation 
denoting the reaction is

aA  +  bB  — >■ cC +  e E  f  (2 2 )

where a moles of A react with b moles of B to pro­
duce c moles of C and e moles of E  are distilled. 
The stoichiometrical quantities a, b, c, e, can have 
zero or positive values, and the sum of a and b is 
the order of the reaction. Again the simplest case 
of a volume change is considered, namely

V = Fo -  a (A# “  A) = Vo ~ T) (Bo -  B) (23)

-  Fo +  ^  (Co -  C)

Note the sign has changed for the case of the prod­
uct C.

The rate equations are then written as

(A)o> (A)W

-  =  &[l “  f  (B)o] *(A)«(B)> (24)

+  = c [l  +  (C)o] k(.A)“(B)>

This result can now be used to write the dif­
ferential equations for two competitive, consecutive 
second-order reactions

_  =  [1 -  KA)o][h(A)(B) +  &2(A) (C)] (25)at

-  <- (F) =  [1 -  2»>(B),1*,(A)(B) cli
The mass balance for the intermediate C, written 
in terms of concentrations, is

(C) = (A) -  2(B) -  [(A), -  2 ( B ) . ) [ ^ V ]  (20)

Equations 8  may now be used with the exception 
that t is redefined

T = (1 — w(A)o)fc|(Bjoi
Then equation 1 0  becomes

M (A) _ a« — 2  , I 1 +  3« „ , 0K 
8 (A)« S 1 — v(A)o 1 — « 1 «

where

( 2 7 )

_  1 -  t'(A)o
1 -  2»(B)o

and

T
di8_______ _____

- c + T̂  +  p - ]v(A)o 1 -  «
( 2 8 )

Equation 28 is the same as equation 1 2  except 
for the factor of (1 -  t>(A)0) in the denominator of 
Oj — 2 ). Since this term is a constant in both 
equations for a given integration intermediate 
values of r may be interpolated between given 
values of ¡± and k.

When k =  1, equations 10, 12, 27 and 28 are not 
correct. In this particular case, for constant 
volume

i ia  — fx — 2  +  2/3 — 0  In 8

and for changing volume
¡ ia
8

A* 2
i -  ?>(A)0+  2/3 -  0  In (3

and again
f 1

/AOTiS

( 2 9 )

(30)

(31)

where r has absorbed the constant 5.
The integrals were evaluated by Simpson’s rule. 

r/d/3, fi, k) and /3(e, jw. k) are presented in Tables I 
and II for various values of ju and k for conversions 
of 20, 30, 40, 50 and (50% from equation 12 without 
the volume correction. If the volume changes with 
time, the conversion must be calculated according 
to equations 32.

e a a« f‘ 1 -  v(A)o 1 ^

LT
J

i 
i

MM 
r-.

J -  v(A)oaJ’ M "
1 -  v(A)01 <• .>
-  KA)oaJ’ M ' “

( 3 2 )

The function /3(e, k) does not vary with v provid­
ing {¡i — 2) -r- (1 — c(A)o) is a constant. Thus to 
use Tables I and II when v ^  0 , (g — 2 ) / ( 1  — v(A)0) 
equal to one of the tabulated values, e must be 
recalculated, that is, replacing the heading e’s 
in Tables I and II by use of equation 32.

The method of evaluating Aq and hi is as follows: 
since in equation 8  r is proportional to time, the 
ratio of r at two conversions must be equal to the 
ratio of time at these same conversions, i.e.} 
t  at 0 0 %  conversion/r at 2 0 %  conversion equals
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T able I

ß(e, k), v =  0
* « = 0.2 e = 0.3 e = 0.4 « = 0.5 e = 0.0

10 0.7613 0.6640 0.5686 0.4737 0.3790
7 .7486 .6499 . 5551 .4619 .3693
5 .7340 .6336 . 5384 .4464 .3562
4 .7252 . 6213 .5252 .4336 . 3449
3 .7123 .6041 .5059 .4142 .3270
2 .6938 .5780 .4753 .3820 .2958
1.5 .6810 .5589 .4519 .3564 .2702
1.0 .6641 .5322 .4177 .3178 .2308
3 A . 6533 .5139 .3933 .2896 .2015
V* . 6400 .4900 .3600 .2500 . 1600
Vs .6292 .4691 .3290 .2118 .12006
74 .6231 .4563 .3089 . 1862 .09364
Vs .6191 .4476 . 2947 . 1675 .07469
Vs .6163 .4412 . 2839 . 1530 .06040
Vt .6142 .4364 .2755 .1414 .04929
Vs .6126 . 4326 . 2687 . 1318 .04044
Vs .6113 .4295 .2630 . 1236 .03330
VlO .6102 .4270 .2583 .11667 .02746

T able I I

r(e, K, fi)

M = 1, v = 0
K e = 0.2 f = 0.3 e = 0.4 * = 0.5 « = 0.0

10 0.1607 0.2454 0.3444 0.4659 0.6226
7 .1713 .2615 .3656 .4918 .6530
5 . 1817 .2784 .3891 . 5223 . 6907
4 . 1886 . 2902 .4064 . 5454 .7206
3 .1972 .3058 .4300 .5784 .7646
2 .2086 .3278 .4650 .6294 .8356
1.5 .2158 .3427 .4901 .6677 .8912
1.0 .2246 .3619 . 5243 .7225 .9745
3A .2297 .3739 .5469 . 7606 1.0350
V* .2356 . 3883 .5754 .8109 1.1192
Vs .2399 .3996 .5991 .8555 1.198
Vs .2422 .4060 .6130 .8827 1.249
Vs .2437 . 4100 .6221 .9012 1.285
Ve .2447 .4128 .6285 .91.46 1.312
‘A .2454 .4.149 .6333 .9248 1.332
Vs .2460 .4165 .6371 .9328 1.349
Ve .2464 .4178 .6400 .9392 1.362
V.o . 2467 .4187 . 6425 .9446 1.374

ß = 2, v = 0
10 0.1513 0.2427 0.3626 0.5294 0.7795
7 .1607 .2552 .3769 .5449 .7955
5 . 1710 .2701 .3958 .5670 .8199
4 .1784 .2818 .4116 . 5865 .8430
3 . 1886 .2987 .4356 .6182 .8830
2 .2036 .3255 .4765 . 6762 .9622
1.5 .2142 . 3462 .5102 .7271 1.0368
1.0 .2286 .3766 . 5636 .8131 1.1714
3A .2381 .3985 .6049 .8845 1.291
V* .2500 .4286 .6667 1.0000 1.500
Vs .2598 .4564 .7305 1.1334 1.770
‘ A -.2656 .4741 .7756 1.239 2.011
Vs . 2694 .4865 .8098 1.327 2.235
Ve .2720 .4957 .8368 1 .404 2.449
Vi .2740 .5028 .8589 1.471 2.657
Vs .2755 .5085 .8773 1.531 2.862
Ve .2768 .5131 . 8929 1.586 3.066
ViO .2778 .5170 .9064 1.637 3.270

ß = 3,, v = 0
10 0.09723 0.1520 0.2196 0.3067 0.4245

7 .10324 .1598 .2285 .3163 .4343
5 .10984 . 1693 .2402 .3295 .4487
4 .11462 .1766 . 2498 . 3411 .4020
3 .1211 .1871 .2643 3597 .4845
2 . 1306 .2037 .2889 . 3932 .5280
1.5 .1374 .2165 .3090 . 4223 . 5683
1.0 .1466 . 2352 .3407 .4710 .6399
3A . 1526 . 2487 .3651 .5111 .7026
V* .1601 .2671 .4014 .5754 .8110
'A .1663 .2840 .4386 .6489 .9486
V.i .1699 .2948 .4648 .7066 1.0698
Vs . 1723 .3024 . 4845 . 7545 1.1814
Ve . 1740 .3080 .5002 .7957 1.287
Vt . 1752 .3123 .5129 .8319 1.389
Vs . 1762 .3157 . 5235 .8643 1.489
Ve .1770 .3185 . 5324 .8936 1.588
VlO . 1776 . 3208 . 5402 . 9204 1.686

ß =  4, v = 0
10 0.07165 0.11075 0.1578 0.2168 0.2939
7 .07608 .11649 .1643 .2237 .3010
5 .08093 . 1234 . 1728 .2332 .3112
4 .08445 .1287 . 1797 .2415 .3206
3 .08922 . 1363 . 1901 .2547 .3363
2 .09622 . 1484 .2077 .2783 .3666
1.5 .10118 .1576 .2221 . 2988 .3943
1 .10789 . 3712 .2447 .3329 . 4434
3A .11229 . 1809 .2620 .3608 .4861
Ve .11779 . 1942 .2877 .4055 .5596
V* . 1223 .2064 .3140 .4563 .6524
Vi .1250 .2141 .3325 .4961 .7337
Ve . 1267 .2196 .3464 .5290 .8082
Ve . 1280 . 2236 .3574 . 5573 .8787
V; . 1289 .2266 . 3663 .5821 .9466
Vs . 1295 .2291 .3738 . 6043 1.0129
Ve .1301 .2311 .3801 .6243 1.0783
V.o . 1306 .2328 .3854 .6426 1.1432

time for 60% con version/time for 2 0 %  conversion. 
With tables of r at 20, 30, 40, 50 and 60% con­
version for selected values of a, intermediate values 
of k can be interpolated linearly. From a knowl­
edge of the average value of k  from several time 
ratios, the value of r can be computed for various 
conversions, and h  determined. Further k2 — 
nki. Figure 1 shows the time ratio for 60% con­
version to 2 0 %  conversion as a function of 1/k 
for various values of fx.

The reason for the sudden decrease in the n =
1 curve from the n =  2  curve is due to the fact that 
the conversion is limited by the a parameter at 
n ^ 2  and by the (3 parameter at m A 2 . It so hap­
pens that the experimental results associated with 
this study are in the area of the minima, so a dif­
ferent method of computing the value of k was used; 
the quantity r/t was evaluated at 20, 30, 40, 50 
and 60% conversion for assorted k values. The 
value of k with the minimum variance around 
< t/V> average, was used to determine k\ and k2.

The data have been analyzed for two competi­
tive, consecutive second-order reactions with a 
changing volume as outlined above and also for 
first- and second-order kinetics for reasons pre­
sented later. For a first-order reaction with respect 
to the B component with a changing volume, the 
integrated equation in terms of conversion is
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Fig. 1.—Variation of the ratio “ time for 00% conversion 
to time for 20% conversion”  against 1/ k, the ratio of the 
rate constants, as a function of u, the ratio of initial concen­
trations.

probability of further reaction beyond step 36 
with DMT is low.

In early experiments, a short time lag occurred 
between dropping the catalyst and distillation of 
methanol. This was found to be due mainly to the 
build-up of methanol in the solution and in the 
reactor and condenser space. This time lag was 
eliminated by continuously injecting methanol 
from a reservoir into the reactor. After a steady 
state of methanol distillation occurred due to 
injection, no hold-up or time lag occurred. Meth­
anol was almost explosively evolved upon addition 
of the catalyst. No reaction occurred prior to 
catalyst addition. Further, it was found that the 
evolution of methanol was apparently diffusion 
controlled unless the reacting mixture was stirred 
at sufficiently high speeds. Beyond a critical 
stirring rate, no change in methanol distillation 
was noted.

The error in the assumption of no reverse re­
action would be almost entirely due to the small 
amount of dissolved methanol, less than 2.5 weight 
% , initially.

For a single second-order reaction with unequal 
amounts of reaction the equation is

kt ___ - 1 ___ . 1 -  6
(A)o -  (B) 0 ln 1 - (34)

The Transesterification Reaction
For economy of space in representing the rather 

complex set of reactions thought to occur when 
ethylene glycol (EG) and dimethyl terephthalate 
(DMT) react, let the abbreviations EG and DMT 
accompanied by one or more hyphens represent 
EG and DMT residues with one or more functional 
groups reacted, and let E represent methanol. 
This complex set of reactions can then be partially 
represented by the set of equations

EG +  DMT — ^ EG-DMT +  E f (35)
(A +  B — ^ C +  E) (1)

EG +  EG-DMT — > EG-DMT-EG +  E \ (36)
(C +  A — D +  E) (2)

EG-DMT +  DMT — > DMT-EG-DMT +  E \ (37)
EG-DMT-EG +  DMT — ^

EG-DMT-EG-DMT +  E f (38) 
DMT-EG-DMT +  EG — >-

EG-DMT-EG-DMT +  E f (39) 
etc. (40)
etc. (41)

Equations 35 and 36 correspond to equations 1 and 
2 , respectively.

In developing the kinetics of the reaction, the 
following simplifying assumptions are made: ( 1 ) 
reactions corresponding to equations 3 7  through 41 
are suppressed under the experimental conditions 
employed and may be neglected. (2 ) The methanol 
was driven off instantly as it was formed. (3 ) 
No reverse reactions occurred to a significant 
extent. Now consider each assumption.

The concentration of EG employed was relatively 
large compared to the concentration of DM T; 
initially the E G /D M T mole ratio was 3.75. There­
fore, the concentration of EG should always be 
relatively large compared to the sum of the con­
centrations of hydroxyl group bearing species 
such as EG-DMT, EG-DMT-EG, etc., thus the

Experimental
Reactor.—Methanol from a reservoir is continuously in­

jected into the glass reactor by a microbellows pump. A 
fine glass frit between the reservoir and pump serves to re­
move dust particles from the methanol to avoid fouling the 
pump. The reactor is heated by a refluxing bath of p- 
cymene which boils at 175°. Thermometers were located 
in the head space and within the reacting mixture. In order 
to reduce the error due to methanol evaporation the con­
denser of the reactor was equipped with an adapter which ex­
tended down into the collection bottles which were cooled 
by ice-baths. Between the adapter and the laboratory 
atmosphere was another condenser and a drying tube to pre­
vent escape of methanol and admission of water vapor. 
Ice-water was circulated through the condensers to lower the 
vapor pressure of methanol and to lower the solubility of 
DMT in the methanol. The catalyst was contained in a 
closed bulb which was held by nichrome wire which passed 
through the nitrogen inlet tube. Nitrogen was used to 
flush out the reactor before catalyst addition and turned 
off before the reaction started.

The reaction vessel was charged with 200 ml. (3.58 moles) 
of EG (Carbide and Carbon’s “ iron and chloride free”  
grade), and 185 g. (0.953 mole) of DMT (Hercules “ poly­
merization”  grade). The vessel was heated to melt the 
charge and bring its temperature into equilibrium with the 
heating bath. Methanol injection was started and allowed 
to run 30 minutes before addition of 0.090 g. (0.05% based 
on DMT) of zinc acctylacetonate. The reaction was started 
by pulling on the wire causing the catalyst ampule to drop 
into the reactor and be crushed by the whirling stirrer. 
Sample bottles of distillate were collected prior to the catalyst 
drop to ensure equilibrium of the injection rate and at 2.5 
minute intervals until the reaction had slowed down, and 
then at 5 minute intervals thereafter until apparent com­
pletion of the reaction.

Since the reactor head is not an efficient fractionating 
column, some EG and DMT were distilled along with the 
methanol. The distillate contained less than 1% of DMT 
due to its low solubility at 0°, but upwards to 15 weight % 
of the distillate was EG. Most of the EG distilled oc­
curred from mechanical carry-over during the initial stages 
of violent methanol evolution. The amount of methanol 
produced by the reaction was determined from the weight 
of material distilled, corrected by refractive index measure­
ment for the EG content and for the rate of methanol in­
jection. The latter was determined by the weight of meth­
anol removed from the reservoir.

The reduction in volume of the reacting mixture was 
shown by preliminary experiments to be equal to the volume 
of methanol distilled during the course of the reaction. 
Under the experimental conditions used here, the change in 
volume amounted to about 20% of the initial volume.
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Zinc Acetylacetonate.15—Two hundred g. (2.0 moles) of 
acetylacetone and 31.2 g. (0.25 mole) of zinc carbonate 
were stirred under reflux until the evolution of carbon 
dioxide had ceased and a slightly turbid solution remained. 
The solution was filtered through a heated filter and allowed 
to cool slowly. The zinc acetylacetonate crystallized in a 
solid mass which was broken up and washed three times with 
isopropyl ether. After drying at room temperature under 
vacuum, the product melted to a clear melt at 127-128°. 
The yield was nearly quantitative.

Results and Discussion
The results for the transesterification reaction are 

presented as an example of the kinetic analysis of 
a distilling system which is reacting by two com­
petitive, consecutive second-order reactions. Table 
III contains the analysis for four runs under iden­
tical initial conditions. The variance given in 
Table III is that for the selected value of k. Since 
for this mechanism there is no way of obtaining 
a straight line plot, Fig. 2 shows conversion against 
time for the four runs. The solid line is calculated 
from the average of /ct and k2 and the points are the 
experimental conversions.

Table I I I

Rate Constants for T ransesterification of DMT by 
EG

Run
ku

l./mole min. 
X 10»

h,
l./mole min. 

X 10»
Variance 

X 10»
7 3.69 12.9 9.2
8 4.29 12.9 1.9
9 4.62 16.2 33.8

10 4.37 13.1 5.0
Av. 4.24 13.8

In the case of hydrolysis of dibasic acid esters, 
there is a firm basis for expecting that k, the ratio 
of k2/kh should be equal to or less than Va, since the 
hydrolysis of the second ester group proceeds while 
the first hydrolyzed carboxyl group is ionized.5 
In general, most published work on two competi­
tive, consecutive second-order reactions gives k 
values of less than one-half. The results on the 
transesterification of DM T by EG show that k 
is around three, that is, the second step constant 
is three times greater than the first step constant. 
Whether or not any significance is to be attached 
to this result is, of course, contingent upon the cor­
rectness of the assumption that the mechanism 
involves two consecutive second-order reactions. 
As will be seen, the present data are not capable 
of unambiguously deciding this point.

Griehl and Schnock in a recent paper came to the 
conclusion that the transestérification reaction is 
first order in DM T alone. 2 The present data can 
be represented adequately by a first-order plot 
as shown in Fig. 3. However, Griehl and Schnock 
state that the reaction is not second order. We are 
not able to support the latter conclusion either 
from their data or from our work. With the initial 
concentrations used in both Griehl and Schnock’s 
work and the present work, a second-order reaction 
is pseudo first order due to the excess of EG used. 
Figure 4 shows a second-order plot for the present 
data, and it is quite similar to the first-order plot. 
It is possible, however, to distinguish between two 
consecutive second-order reactions and a pseudo

(15) Prepared by L, R. Ilinken of this Laboratory.

Time, min.
Fig. 2.—Conversion time plot for four runs. Solid line 

computed for average of individual rate constants.

t, min.
Fig. 3.—First-order plot for run 8.

I, min.
Fig. 4.—Second-order plot for run 8.

first-order reaction at sufficiently low values of k. 
It is unfortunately true, that while the present 
data are reasonably consistent with kinetics of two 
consecutive second-order reactions, they are not 
sufficiently inconsistent with the first-order ki-
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netics suggested by Griehl and Schnook or single 
second-order kinetics to make a decision possible.

An example of a reaction which proceeds with 
distillation has been given. The method is appli­
cable to many other reactions in which an ap­
preciable volume change occurs. Except for the 
case of a single second-order reaction with unequal 
initial reactant concentrations, the rate equations 
must be modified to include a function of the initial 
concentrations in the normal rate constant. Re­
actions which could be analyzed in this fashion in­
clude those where a gas is liberated, a liquid 
vaporized or distilled, or a precipitate formed 
which effectively removes the product from the 
locus of reaction. Examples of types of reactions 
which might be studied in this way arc the poly­
merization of a monomer to an insoluble polymer

(if the polymer does not enter into further reaction); 
certain pyrolysis reactions; and of course reactions 
similar to the present case. If this approach is not 
used when an appreciable volume change occurs, 
then incorrect material balances will occur, which 
may not be recognized due to inability to carry 
the reaction to completion, and incorrect rate 
constants will be obtained, as may be seen from 
equations 28 and 32-34.
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N O T E S

CHROMATOGRAPHY OF DECABORANE 
AND SUBSTITUTED DECABORANES

By Bernard Siegel1 and J cijos L. Mack

R esea rch  an d  D ev e lo p m en t D ep a r tm en t , U. S'. N a va l P r o p e lla n t  P la n t, 
In d ia n  H ea d , M d .

R ece iv ed  D ecem b er  27 , 10/78

Recent advances in decaborane chemistry have 
developed new methods for the preparation of sub­
stituted deeaboranes. A vexing problem often 
encountered in these investigations has been the 
extreme difficulty in isolating decaborane derivatives 
from complex reaction mixtures. This is attribut­
able to the low volatility of decaborane derivatives2 
and their extreme susceptibility to air and many 
solvents. Chromatography was considered an 
ideal solution to this problem, provided a system 
could be developed that would minimize the decom­
position of decaborane and its derivatives.

An anhydrous system was deemed necessary 
since these compounds are readily hydrolyzed when 
in contact with organic solvents containing water. 
While most adsorbents ordinarily used in chroma­
tography cannot be made anhydrous without losing 
their effectiveness3-4 Florisil can be heated to high 
temperatures without destroying its surface.5 
Initial experiments with this* “Anhydrous” ad­
sorbent resulted in extensive loss of decaborane; 
in one experiment only 180 mg. of decaborane was 
eluted from 1.0 g. put onto a column of Florisil. 
It was subsequently found that losses could lie 
minimized by previous overnight evacuation of the 
florisil column at 500°; this treatment removed

(1) Aerojet-General Corporation, Azusa, California.
(2 )  D e ca b o r a n e  has a  v a p o r  p re ssu re  o f  0 .3  m m . a t  5 5 °  ( A .  Stock 

a n d  E .  P o h la n d , B e r . , 6 2 , 90  (1 9 2 9 ) )  a n d  s u b s t itu te d  d e e a b o ra n e s  a re  
g e n e r a lly  c o n s id e r a b ly  less v o la t ile .

(3 )  L , I I .  M ill ig a n , T h i s  J o u r n a l , 2 6 , 2 17  (1 9 2 2 ) ,
( 0  F . E , B a r te ll  a n d  E . G. A ln iy , ib id .,  3 6 , 4 7 5  f 1 0 3 2 ).
(5 )  F lo r is il— a  s y n th e t ic  a d s o r b e n t ,  F lo r id in  C o . ,  T a lla h a sse e , 

F lo r id a .

20-23 g. of water from the 500 g. of adsorbent used 
in each column and contributed to the effectiveness 
of the separations by preventing break-up of the 
column during chromatography by rising gas 
bubbles.

Sharp separations were obtained on mixtures 
of decaborane-biphenyl, decaborane-iododocabo- 
rane and decaboranc-benzyldecaborane. A pre­
viously reported reaction mixture6 was chromato­
graphed; benzyldecaborane had previously been 
isolated from the reaction mixture by high vacuum 
distillation, but the distillation had resulted in 
significant decomposition. With chromatography, 
a larger yield of benzyldecaborane was recovered, 
in addition to a new benzylated product.

These separations were based on simply ad­
sorption-type chromatography. It appeared in­
teresting to investigate also the possibility of par­
tition-type chromatography. Using the same ad­
sorbent as a support for diethyl ether, decaborane 
was sharply separated from biphenyl, with petro­
leum ether serving as the mobile phase. A mixture 
of mono and di-iododecaboranes was also separated 
by this type of process.

Experimental
General Procedure.—The adsorbent used was 100/200 

mesh Florisil. The column was 31 mm. Pyrex glass, packed 
with adsorbent to a height of four feet, and was bounded 
at the bottom by a fritted disc and greaseless stop-cock. 
The head consisted of a solvent reservoir below which was 
an exit to the atmosphere through a stopcock. After the 
column was packed to the desired height, the head was 
closed off and the column was wrapped with a heating 
jacket. The latter was heated overnight at 500° with 
evacuation through the bottom. The heating jacket was 
then removed and dried solvent was poured on the cooled 
column, rigidly excluding air. The sample was then in­
troduced, followed by eluent. The eluents used were dried 
petroleum ether (b.p. 38-43°) and methylene chloride,

(fi) B. Siegel, J. M ack, J. Lowe and J. Callaghan, J. Am . Chem.
Soc., 80, 4523 (1958).
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chosen for volatility and inertness. The eluafce was col­
lected at a rate of 30-40 cc./hr.

Separations (Adsorption).—A petroleum ether solution of
1.0 g. of decaborane and 0.5 g. of biphenyl was chromato­
graphed with petroleum ether as eluent. The initial 600 
cc. of eluate contained no solute. Decaborane was eluted 
over the next 500 cc. of eluate. After 200 cc. of further 
eluate without solvent, biphenyl was eluted quantitatively.

The separations of mixtures of decaborane-benzyldeca- 
borane and decaborane-iododecaborane7 were similar ex­
cept that in these cases, after the elution of decaborane with 
petroleum ether, the substituted decahoranes could not lie 
eluted with the latter and methylene chloride was used as 
the eluent.

A petroleum ether extract (8.8 g.) of the benzyl chloride- 
Bi(iHJ3MgI reaction6 was chromatographed after distilling 
the volatile material. This yielded a trace of decaborane, 
eluted with petroleum ether; this was followed by 2.95 g. of 
benzyldecaborane, eluted with 25% methylene chloride; 
the last fraction (1.9 g.) was eluted with methylene chloride 
and had a cryoscopic molecular weight of 298 and a compo­
sition of 72.6% C, 14.7% B and 7.8% H. The latter was 
rechromatographed with gradually increasing concentra­
tions of methylene chloride as eluent but no further separa­
tion was noted.

Separations (Partition).—A docaboranc-biphenyl mix­
ture was chromatographed on a column prepared with di­
ethyl ether, using petroleum ether as eluent. Biphenyl 
was eluted quantitatively first, followed by decaborane. 
In a similar manner, a mixture of iododocaborane-di-iodo- 
decaboranc7 was chromatographed on a column prepared 
with methylene chloride, using petroleum ether as eluent. 
Tododecaborane was eluted first, followed by diiododeea- 
borane.8

(7) The latter was prepared by an unpublished method. Details 
were made available to us by a private communication from the 
Reaction Motors Division, Thiokol Chemical Corp.

(8) The melting point of this compound was 208°. Since the di- 
iododec.aborane reported by Stock (A. Stock, “ Hydrides of Boron and 
Silicon,” Cornell Univ. Press, Ithaca, N. Y., 1933) melted at 230°, 
the compound isolated in this paper is apparently another isomer.

DISSYM M ETRY OF DISCS OF 
NEGLIGIBLE THICKNESS

B y  P a u l  B e c h e r

C h e m i c a l  R e s e a r c h  D e . p t . .  A t l a s  P o w d e r  C o . ,  W i l m i n ( / l o n ,  D e l a w a r e  

R e c e i v e d  N o v e m b e r  1 0 ,  1 9 5 8

The scattering functions and the corresponding 
dissymmetry corrections for a variety of molecular 
shapes, such as spheres, rods and coils, have been 
tabulated, e.g., by Doty and Steiner. 1 Recently, 
however, we required such information for a disc­
shaped scattering unit. Although no such tabu­
lation apparently exists, Debye2 has shown that the 
scattering function for a disc of negligible thickness 
(i.e., negligible with respect to the wave length 
employed) is given by

n  — <*>

P(ô) = a;6 -  x2/G +  £  cos (n +  l)r]/bH
n = i

where the coefficients bn are given by the recursion 
formula

bn = ( 2 » + ft»_,

and where b\ =  1 and bo — 0 .
The quantity x is defined in the usual manner

(11 P. Doty and R. F. Steiner, J .  C h e m . R h y s . ,  18, 1211 (1950).
(2) P. Debye and F„ W. Anacker, T h i s  J o u r n a l , 5 5 , 014 (1951); 

C f .  also O. Kratky and G. Porod, J .  C o l l o i d  8 c i , ,  4 , 35 (1949).

1.00 0.80 0.60 0.40 0.20 0.00
P(0).

Fig. 1.—Scattering function, P(<p) as a function of x.
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. 5 0 .9 6 1 3 . 0 0 . 2 4 2

. 6 0 . 9 4 2 3 . 1 0 . 2 2 5

. 7 0 . 9 2 1 3 . 2 0 . 2 0 5

. 8 0 . 8 9 9 3 . 3 0 .1 9 1

. 9 0 . 8 7 4 3 . 4 0 . 174

1 . 0 0 . 8 4 6 3 . 5 0 . 1 6 2

1 . 1 0 . 8 1 7 3 . 6 0 . 1 5 2

1 . 2 0 . 7 8 7 3 . 7 0 . 143

1 . 3 0 . 7 5 6 3 . 8 0 . 1 3 2

1 . 4 0 . 7 2 2 3 . 9 0 . 1 2 4

1 . 5 0 . 6 8 7 4 . 0 0 . 1 1 6
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Fig. 3.—Correction function, 1/P(90), as a function of D/\'.

Table II
D i s s y m m e t r y  a n d  C o r r e c t i o n  F a c t o r

f o r  T h i n  D i s c s

D/\r lz) l / P  (9 0 )

0.05 1 . 0 1 1 1.009
.10 1.047 1.033
.15 1 . 1 1 0 1.078
.20 1.205 1.140
.25 1.338 1.229
.80 1.514 1.342
. 85 1.755 1.495
.40 2.075 1.689
.45 2.476 1.934
.50 3.000 2.252
. 55 3.641 2.646
.00 4.311 3.145
.05 4.933 3.759
.70 5.682 4.484
.75 5.879 5.376
.80 6.230 6.369

where D is the diameter of the disc and V  the ’

length of light in the medium.
The summations involved are straightforward, 

although tedious, since the series converges slowly. 
The scattering function is listed as a function of x 
in Table I, and presented graphically in Tig. I. 
The dissymmetry ([z] =  I4i/Im) and the cor­
rection function, 1/P(90), are listed as a function 
of D/\' in Tabic II, and shown graphically in Figs.

2  and 3. It is interesting to note that the behavior 
of the discs lie between that of a sphere and a rod, 
a not unexpected result.

cis-trans ISOMERIZATION AND SOLVOLYSIS 
OF DICHLOROBIS- (ETIIYLEN ED I AM IN' E) - 
CHROMIUM(III) CHLORIDE IN NEARLY 

ANHYDROUS METHANOL1“
By Lynore E. Slaten11’ and Clifford S. Garner

D e p a r t m e n t  o f  C h e m i s t r y ,  U n i v e r s i t y  o f  C a l i f o r n i a ,  L o s  A n g e l e s  2 4 ,  
C a l i f o r n i a

R e c e i v e d  N o v e m b e r  24, 1 9 5 8

Isomerization and substitution reactions of cis- 
Co(en)2Cl2+ (en =  ethylenediamine) have been in­
vestigated in solvent water and solvent methanol. 2 
In aqueous solution the cis-trans isomerization is 
complicated by competition between chloride ion 
and water for the cobalt ion. However, in solvent 
methanol m -[Co(en)2Cl2]Cl has been shown3  4“ 5 

to isomerize quantitatively to the trans-isomer at 
36° by a first-order reaction without net loss of 
ligand chloride. Trimble6 found no spcctrophoto- 
metric evidence for any change of the ircms-com- 
plex in methanol in 1 2  hours at 1 0 0 °. He observed 
that the m-complex in 2-methoxyethanol (“ Methyl 
Cellosolve” ) isomerizes completely at 30-50°, 
followed by a slower reaction between solvent and 
irans-isomer. Brasted and Hirayama7 studied the 
isomerization in ethanol and propanol as well as in 
methanol.

Little is known about isomerization of the corre­
sponding chromium (III) isomers. Trimble6 found 
that l-cis- [Cr(en)2C12 ]Cl in 2 -methoxyethanol fails 
to isomerize in 30 minutes at reflux temperature, 
although he reported complete raccmization in 2  
minutes of boiling the solution.

We report here a partial kinetic study of the 
isomerization of as-[Cr(en)2Cl2]Cl in methanol. 
We have found that trans- [Cr(en)2Cl2 ]CI, unlike 
the cis- and ¿rans-cobalt analogs, releases ligand 
chloride at a measurable rate in nearly anhydrous 
methanol.

Experimental
cfs-Dichlorobis-(ethylenediamine)-chromium(III) Chlo­

ride.— [Cr(en)3) Cl3 -3.5II20  was synthesized8 and converted9 
to m-[Cr(en)2C]2]Cl-H20 , which was stored in the dark. 
Anal. Calcd.: Cr, 17.54; N, 18.89; H20 , 6.08. Found: 
Cr, 17.84; N, 18.87; H20 , 6.08. Water of crystallization 
was removed in the dark at ca. 90° under vacuum just be­
fore preparing a reaction mixture.

irans-Dichlorobis-(ethylenediamine)-chromium(III) Chlo­
ride.— [Cr(en)3](SCNVITO was prepared and converted9

(1) (a) Supported by U. S. Atomic Energy Commission under Con­
tract A T d l-1 )-S 4 , Project 12; (b) Research Center, International 
Business Machines Corp., Poughkeepsie, N. Y.

(2) For a general review see F. Iiasolo and It. G. Pearson, "M echa­
nisms of Inorganic Reactions,”  John Wiley and Sons, Inc., New 
York, N. Y „  1958.

(3) D. D. Brown, C. K . Ingold and R . S. Nyholm, J .  C h e m .  S o c . ,  

2074 (1953).
(4) D. D. Brown and C. K . Ingold, i b i d . , 2080 (1953).
(5) D. D. Brown and R. ,S. Nyholm, i b i d . ,  2090 (1953),
(6) R. F. Trimble, J. .1 m . C h e m .  Soc., 76, 0321 (1954).
(7) R. C. Brasted and C. Hirayama, i b i d . , 80, 788 (1958).
(8) J. C. Bailar, .Jr., and J. B. W ork. ibid.. 67, 170 (1945).
(9) C. L. Rollinson and J, C. Bailar, Jr., i b i d . ,  66, 041 (1944); " In ­

organic Syntheses,”  Vol. II, W . C. Fernelius, editor, M cGraw-IIill 
Book C o., Inc., New York, N. Y ., 1940, pp. 19G-200.
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to ¿rcms-[Cr(en)2(NCS)2]SCN, from which irans-[Cr(en)2- 
C12]C1HC1-2H20  was made10 and stored in the dark over 
coucd. hydrochloric acid. Water and hydrogen chloride 
of crystallization were removed in the dark under vacuum at 
ca. 90° prior to preparing a reaction mixture. Anal. 
Calcd. for [Cr(en)2Cl2]Cl: Cr, 18.67; N, 20.11. Found: 
Cr, 18.30; N, 19.68.

Not more than 24 hours ahead, reagent-grade absolute 
methanol was refluxed over fresh magnesium filings, then 
distilled through a closed Pyrex system into a well-dried 
Pyrex flask. Brown and Ingold,4 who used a similar proce­
dure, found that subsequent manipulations in preparing 
methanolic solutions may allow the water content to increase 
to as much as 0.1% (0.04/ in  II20 ) even with careful tech­
nique. Karl Fischer titrations of our purified methanol in­
dicated _ <0.05% water. Chloride absence was shown by 
tests with silver ion. All methanolic solutions were made 
with dried reagents. Reagent-grade acetone used in chlo­
ride analyses was shown to be cliloride-free. Other chemi­
cals were reagent grade.

Run Procedure.—Run mixtures were prepared in dim 
light. Dissolution times for the tram- and as-compounds 
were 10 and 45 minutes, respectively. Solutions were 
sealed into well-dried Pyrex ampoules and placed simultane­
ously in a dark constant-temperature bath at 50.0 ±  0.05°. 
Ampoules were removed from the bath at known intervals, 
cooled to ca. 25° and two 10.00-ml. aliquots removed for 
free-chloride analysis by a rapid potentiometric method4 
using standard methanolic silver nitrate. The remaining 
50 ml. was stored in the dark for spectral measurements 
made ca. 1 hour later.

Absorption spectra were measured in stoppered 10.00- 
cm. quartz cells with a Cary Model 11 spectrophotometer; 
dried methanol was used in the reference cell. Absorban­
cies of fresh run solutions exposed to light only duiing the
5-minute spectral scan remained constant to ±0.01 over 2- 
hour periods; all solutions were measured within this time.

Results and Discussion
Solvolysis of Nans-Dichlorobis-(ethylenedia- 

mine)-chromium (III) Chloride.— Loss of ligand 
chloride by the trans-complex in methanol at 50° in 
the dark appears to follow a first-order rate law up to 
15 hours, at which time ca. 30% of the first ligand 
chloride is released (Fig. 1). Based on one ligand 
chloride released, the concentration of unreacted 
complex at time t was taken as 2(complex)o — 
(Cl- ), where (complex)0 is the initial concentration 
known from the gravimetric synthesis of the solu­
tion. The “ anhydrous”  methanol may conceivably 
have been as much as 0.04 /  in IJ20  (sec .Experi­
mental section), a concentration 27 X greater than 
(complex)o, which could not be increased because of 
solubility limitations. Hence, aquation or 
methanolysis could account for the chloride re­
lease. Added low concentrations of water in al­
coholic solutions of metal salts cause changes in the 
absorption spectra interpretable in some cases in 
terms of consecutive formation of aquo complexes 
from alcohol complexes.11 E.g., J0rgensenu esti­
mates that chromium(III) nitrate in ethanol 0 .04 / 
in II20  has at 25° an average equilibrium cation 
composition Cr(H2O)0.06(C2n 5OH)<>.94"f3. In meth­
anol thermodynamic competition between CII3OII 
and II20  for chromium might then result in much 
more methanolysis than aquation of ¿rans-Cr(en)2- 
Cl2+. Basolo12 has reported that the analogous 
cobalt complex shows within several weeks essen­
tially no change in absorption spectrum in methanol

(10) P. Pfeiffer, B e r . ,  3 7 , 4255 (1904).
(11) J. Bjerrtim and C. K. Jorgensen, A d a  C h em . S ca n d .,  7 , 951 

(1953); C. K . Jdrgensen, i b i d . , 8, 175 (1954); L . I. Katzin and E. 
Gebert discussion with Jorgensen and Bjerrum, N a tu re ,  17 6 , 425 
(1955).

(12) F . Basolo, J .  A m . C h em . S o c . .  7 2 , 4393 (1950).

Fig. 1.—Solvolysis of 0.00152 /  trans- [Cr(en)2Cl2]Cl at 
50°: in “ anhydrous” methanol, < 0 .0 4 / in H20, • ; in 
methanol 0.22 /  in added H20, O ; a run with 0.00102/ com­
plex in “anhydrous” methanol gave the same initial slope 
as that shown for the filled circles.

WAVELENGTH (mp).
Fig, 2.— Dashed curves: change in absorption spectrum 

of 0.00152/ ¿ran,s-(Cr(en)2Cl2]Cl during solvolvsis in meth­
anol (< 0 .0 4 /in li20  or 0.22/ in added H20) at 50°. Solid 
curves, change in absorption spectrum of 0.00122 /  cis- 
[Cr(cn)2Cl2]Cl in methanol (<0.04 /  in 1I20) at 50°. All 
spectra taken at room temperature.

made 0.4/in  II20  under conditions where, in water, 
the complex converts to the chloroaquo complex in 
one hour; since ¿rans~Co(en)2CJ2+ and trans- 
Cr(en)2Cl2+ aquate at 25° at essentially the same 
rate, 13 Basolo’s observation suggests that the sol­
volysis we observe is not aquation. Moreover, 
Adamson’s conclusion14 that substitution reactions 
in solvents having an -OH group occur via a bi- 
molecular front-side displacement would imply that 
the rate of chloride release should be first order in

(13) R. G. Pearson, R. A. Munson and F. Basolo, ibid., 80, 504 
(1958); unpublished work of D. J. MacDonald and C. S. Garner on 
the irnns-ohromium complex in this Laboratory.

(14) A . W. Adamson, ibid.. 80, 3183 (1958).
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Fig. 3.— Ligand chloride release following isomerization 
of czs-[Cr(en)2Cl2]Cl in methanol at 50°: •, 1.22,0; O, 1.11, 
0; » ,  1.11,0.22; ■, 1.00, 0.22—made0.000974/in MCI after 
12-hr. point, giving T point on curve 6; □, 0.070, 0.22—
0. 000972/ in MCI at start of run; ©, 1.21,0.44 (first number 
is initial milliformality of cis compound; second number is 
initial formality of added water). Left legend for curves
1, 2, 3; right legend for curves 4, 5, 0.

methanol or water; inms-Cr(en)2Cl2+ .should then 
release chloride at least 6  X  faster in methanol
0 . 22 -0 .26 / in ILO than in "anhydrous”  methanol 
(<0.04/in  H20 ) if aquation alone were responsible, 
but at about the same rate if methanolysis pre­
dominates. Our pseudo first-order rate constants 
ki at 50°, 10fi /vj =  3.78 ±  0.22 sec. “ 1 in "an­
hydrous”  methanol and 106 ki =  4.43 ±  0.30 sec. - 1  
in methanol 0 . 2 2  /  in added l i 20 , correspond to a 
rate ratio of 1.17 ±  0.11 in accord with the meth­
anolysis hypothesis; the corresponding hi molecular 
rate constant k-> would be 1 0 7 k-> =  1.59 ±  0 . 2 2
1. mole- 1  scc._). Bonding of methanol to chro­
mium has been shown by the work of Adamson1'3 
and Koppel. 15

Zero-time intercepts of the rate plots correspond 
to an initial loss of 1 2 %  of one ligand chloride, 
(only 6 %  if the 5-10 minute warm-up to 50° is 
omitted), both in "anhydrous”  methanol and in 
methanol 0 . 2 2  /  in added II20. Brown, Ingold 
and Nyholm4 -5 observed a similar rapid reaction 
releasing 1 %  of one ligand chloride from methanol

(15) J. Koppel, ’/*. u n org . C h em ., 28, 101 (1001).

solutions of the analogous as-cobalt complex at 
36° which they established as due to a slow attack 
by silver ion on the complex cation during titra­
tion for chloride.

cis-trans Isomerization of cA-Dichlorobis-(ethyl- 
enediamine)-chromium(III) Chloride.—Figure 2 
(solid curves) exhibits the change with time in the 
absorption spectrum of the m-complex in "an­
hydrous”  methanol at 50° in the dark; the spectral 
changes are essentially the same in methanol 0 .2 2 /  
in added H20, but are 5-7% faster in methanol 0.44 
/  in added H20. A first-order plot of log [(A — 
A « ) /(A 0 — A a,)] vs. time (A0, A and A « are 
absorbancies16 of the as 530-my absorption peak at 
zero time, at time t and at isomerization equilib­
rium, respectively) is linear up to nz least 13 hours 
(18% isomerization). The assumption that the 
principal reaction during this time is cis-trans 
isomerization is compatible with the spectra of the 
pure isomers, and is further supported by the fact 
that the slope of the first-order plot for the absorb­
ancies at 403 my (main cis peak) agrees with that 
from the plot at 530 my. Because of solvolysis 
of the trans isomer the equilibrium isomerization 
spectrum could not be checked experimentally to 
confirm our assumption that it corresponds to all 
trans form; changes in the spectrum of the trans 
isomer during its solvolysis (dashed curves, Fig. 2) 
do not indicate appreciable conversion of trans 
to cis isomer under comparable conditions. The 
isomerization rate constant k is 106 k =  4.13 ±  
0.11 see.“ 1, ca. 100 X less than for the cobalt analog7 
in methanol at the same temperature.

Figure 3 gives the results of free-chloride analyses 
made concurrently with the spectral runs. As in 
the case of the ¿ravis-complex there is a zero-time 
loss of chloride from the cis cation (22-37%, de­
pending on water content of methanol—see Fig.
3). Considered in the light of the cis-trans isom­
erization and the ¿ums-solvolysis, the general 
shape of curve 2  (and perhaps curve 1 ) suggests 
the sequence of reactions could be cis -> trans 
solvolysis products. Final slopes of curves 1, 2 
and 3 correspond to rate constants of ca. 3 X 10“ 6 
sec.-1, about the same as the specific rate of the 
trans solvolysis. However, the rather sharp bend­
ing over of curves 3 and 6  is incompatible with this 
reaction scheme alone; nor have wo been able to 
explain the "bending”  by invoking concurrent 
solvolysis of the m-complex either with or without a 
concurrent back reaction of the frxros-complex. 
The cis system is a complex one and the reactions 
of these chromium complexes in methanol arc much 
more complicated than those of the cobalt analogs.

Molar Absorbancy Indices.—From the relation 
« m — A/(cl), where c is the molarity of the complex 
and l the optical path length (cm.), the molar ab­
sorbancy indices au for cis- and trans- [Cr(en)2C12 ]Cl 
in methanol at room temperature at their absorp­
tion peaks have been found to be 84.7 at 403 my 
and 77.0 at 530 my for the m-isomer and 34.7 at 
393 my, 20.7 at 460 my and 25.2 at 570 my for the 
trans-isomer. For the as-isomer the 403-my peak

(HI) Boer’s law was shown to be valid for the cis 530-him peak and 
nearby tra n s minimum over the respective ranges 1.02-1.22 /
and 1.11-1.52/, using fresh solutions.
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is higher than the 530-mju peak, whereas in water 
the relative peak heights arc reversed.

Acknowledgments.— Help from Mr. Wavne A. 
Lavold, who prepared the /mas-compound, and 
Miss Mary E. Burke, who took data during some of 
the night rate work, is gratefully acknowledged.

SELF-DIFFUSION COEFFICIENTS OF 
ISOMERIC PENTANES1

By E. Fishman and T. Vassiliades

D ep a rtm en t o f  C h em is try , S y ra cu se  U n iv er s i ty , S y ra cu se , Ar. Y.

R ece iv ed  D ecem b er 5, 106 8

An earlier paper by one of us2 reported the self­
diffusion coefficients of «-pentane and «-heptane 
measured over an extended temperature range. 
Interpretation of the data by the Eyring theory 
of rate processes3 was undertaken, since normal 
hydrocarbons provide a direct test of the simple 
model used in that theory. It was found that the 
theory correlated the self-diffusion, viscosity and 
molecular size data quite well.

This paper reports an extension of the earlier 
work to a situation where molecular shape rather 
than chain length is the variable parameter whose 
effect is correlated by the Eyring theory. The 
self-diffusion coefficients of isopentane and cyclo­
pentane were measured over an extended tempera­
ture range and found to follow the equations 

D  =  9 .8  X  1 0 e ~ m9IRT 

for isopentane and
D  =  3 .0  X  1 0 “ 3c “ 2760/Kr

for cvclopentane. These are to be compared with 
D  =  8 .1  X  1 0 - 1 e ~ mi,Rr 

for «-pentane. 2 -4
As in the previous work, a range of capillary 

lengths and diffusion times was employed in order 
to check for systematic error. Convincing evi­
dence that the systematic errors in this particular 
capillary diffusion technique are small is shown by 
the comparison of the results giveu in ref. 2  with the 
self-diffusion data on the same liquids published by 
Douglass and McCall. 5 Although both the capil­
lary and the spin-echo techniques are open to 
criticism for possible uncorrected systematic errors, 
the two methods are completely independent of 
each other and their close agreement tends to 
confirm both techniques.

Results and Discussion.—The results are shown 
in Table I; reported diffusion coefficients are 
averages of at least four determinations.

Figure 1 includes the data on «-pentane and neo­
pentane for comparison. The straight lines were 
determined by the method of least squares; equa-

(1) Based on tin; Master’s Thesis of '1’. Vassiliades, Syracuse Uni­
versity (1958). Presented at the 13-ltli meeting of the American 
Chemical Society, Chicago, 111., September 12, 1958.

(2) E . Fishm an, T h is  J o u r n a l . 59, 409 (1955).
(3) S. Glasstonc, R. J. Laidler and II. Eyring, “The Theory of 

Rate Processes,’ ’ McGraw-Hill Book Co., New York, X. Y., 1941.
(4) D  =  4.0 X 10 " 3 c |,as been reported for neopentane

(private communication, David W. McCall.)
(5 ) D . C. Douglass and D . W . M cC a ll, T his ,Jo u r n a l . 62, 1102 

(1958).

25°C 0° -25» -50» -75°

F ig . 1.— T h e  lo g a rith m  o f th e  s d f-d if lu s io n  co efficient vs. 
recip rocal te m p e r a tu r e .

T able I

Se le-diffusion Coefficients of Iso- and Cyclofentanes®
■Isopentane-----------  -------- Cyclopcntane-

Temp., °C. D X 10»,
cm.VsüC. Temp., °C D X 10», 

cm.-/sec.
2 5 . 5 4 . 8 5 ■1(5.2 3 . 9 7

1 0 .0 l . 2(i 5 0 . 0 3 . 4 1
0 .0 5 . 8 0 0 . 0 2 . 0 0

- 2 2 . 9 2 . 5 1 - 2 2 . 9 1 . 0 9
- 7 8 . 5 1.0(5 — 7 8 . 5 0 . 2 8

“ T h e  av e ra g e  error in the m e a su re m e n ts , based on the  
a v e ra g e  d e v ia tio n  o f Ì )  fro m  its m ean  v a lu e  a t each te m ­
p e ra tu re , is a b o u t  5 % .

tions for the lines have been presented above. 
The frequency factors and the activation energies 
are in the order eyelo >  iso >  normal. Since the 
activation energy dominates in determining the 
magnitude of a rate constant at a given tempera­
ture, cyclopentane has the lowest diffusion co­
efficient although the frequency factor is highest. 
This means that diffusion of the most symmetrical 
molecule is favored by orientation or entropy fac­
tors, but relatively opposed by energy considera­
tions. This idea will be explored quantitatively 
below.

It would be expected that cyclopontane, having 
the highest energy of vaporization, would also 
have the highest activation energy for diffusion; 
however, this alone does not account for the large­
ness of the activation energy. As may be seen in 
Table II, cyclopentane uses a larger fraction of its 
vaporization energy for diffusion than the less 
symmetrical pentanes. This ratio has been corre­
lated with the fraction of the intermolecular bonds
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T a b l e  l i

R a t i o  o f  V a p o r i z a t i o n  t o  A c t i v a t i o n  E n e r g i e s  a t  0 °

L iq u id
Kvnp

. (k c a l . /m o le )
ß *< u /f

(k c a l . /m o i e )
R a t io  

Ev a p /

71-Pen tane 5 . 7 1.6 3.6
Isopentane 5 . 8 1.8 3.2
Cyclopentane G .9 2.8 2.5

T a b l e  III
E v a l u a t i o n  o f  AjS *  a t  0 °  A s s u m i n g  1 .3  A .  f o r  X

L iq u id
D  X  10*. 
e in .V s e c .

X2g A S * /R 
A . A S * , e .u .

n-Pentanc 4 . 1 4 0 . 7 1 - 2 . 4

Isopentane 3 . 8 3 0 . 8 2 - 1 . 8

Cyclopen tane 2 . 0 0 2 . 7 6 0 . 5 9

existing in the liquid lattice for each molecule 
which must be broken in forming the activated 
complex for flow. Thus the data of Table II 
imply that, in moving through the liquid lattice, 
the extended chain molecule proceeds with less 
distortion of the lattice than the more spherical 
molecule, which requires nearly half of its vapor­
ization energy to reach the activated state for 
diffusion.

If the usual assumptions of the Eyring rate proc­
ess theory are accepted, an entropy of activation 
can be calculated from the diffusion coefficients 
and the activation energy using the equation

bTD =  e\ 2 —  e^ / ii  e -Ae*/BT h

Here, all constants have their conventional meaning 
and X, with the dimensions of cm., is a jump dis­
tance for an individual diffusion step. The fre­
quency factor, then, is the collection of terms eX2 

(JcT/h)e&s*/R, and at any one temperature, differ­
ences in frequency factor from one system to 
another are contained in the term \2e^*/k. There 
is, at present, no way of obtaining an independent 
value of X; in order to calculate AS* a value of X 
must be assumed. Table III shows the results for 
AS* calculated at 0 ° with the assumption of 1.3 A. 
for X, the length of a methylene group in a satu­
rated hydrocarbon. Other assumptions about X, 
say using the length of each molecule, lead to 
different numerical results for AS*, but the

sequence of values is not changed by any 
reasonable choice of X’s. These relative values of 
AS* indicate a greater need for orientation in the 
diffusion of the normal hydrocarbon molecule than 
for the cyclic isomer. Thus the n-pentane, when 
compared to more symmetrical molecules, has a 
lower frequency of properly-oriented jumps (the 
jump should be along the chain axis) but a much 
larger proportion of the jumps leads to diffusion. 
The energy barrier is relatively low in this favored 
direction and the over-all diffusion rate is higher.

In conclusion, the lattice parameters, Xi and 
(X2Xd’A, defined in the Eyring theory and calcu­
lated from the self-diffusion and viscosity coeffi­
cients at 0° are shown in Table IV. It is obvious 
that these parameters do not show the expected 
isomeric trends.

Table IV
L a t t i c e  P a r a m e t e r s  a t  O 3

Liquid
Bn/kT 
X  1 0 », 

c m , " 18 V ic o .) X;, Â. (XîXa)i ß

n-Pentanc 3.0 111.6 2.4 8.8
Isopentane 2.8 1)2.5 2.3 9.0
Cyclopentane 3.2 91.6 2.2 8.3

"Viscosities taken from Timmermans, “ Physico Chemi­
cal Constants of Pure Organic Compounds,”  Elsevier Pub­
lishing Co., New York, N. Y.
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BulletinA-2.S.B!ickmanInc. 9007 
Gregory Ave., Wechawken. N. J.

B L I C K M A N
LABORATORY EQUIPMENT

Look for this symbol of quality Blickmon-Buitt

C A R E E R  O P P O R T U N IT Y  
R E S E A R C H  

P H Y S IC A L  C H E M IS T
i

Sound, resourceful, experienced physical chemist 
to conduct corrosion research studies on titanium 
and refractory alloys. Studies will include protec­
tive coatings as well as effects of alloying and proc­
essing on oxidation and corrosion characteristics of 
various alloys.

Challenging, interesting work with excellent 
growth prospects in our midland research laboratory, 
Midland, Pennsylvania. Salary open. Liberal 
benefits. Send complete résumé of education and j 
experience to

Mr. J. E. Han •is

Crucible Steel Company of America

P. O. Box 88

Pittsburgh 30, Pennsylvania



PHYSICAL
CHEMISTS
N E E D E D  IN  T H E  F A S T  G R O W IN G

SEMICONDUCTOR
INDUSTRY
• Men with MS or PhD degrees desired, to be members 
of the technical staff in R & D at Fairchild Semiconductor 
Corporation.

• Fairchild is the fastest growing firm in a rapidly 
changing industry. Firm’s success to date is attributable 
to a research-minded top management, all members 
having exceptional professional backgrounds.

• Company will pay relocation costs to Palo Alto, Cali­
fornia (near San Francisco)— one of the most desirable 
areas in the west.

IMMEDIATE OPENINGS
1. Surface Chemist, MS or PhD level
To conduct basic studies of surface phenomena to improve qual­
ity and stability of semiconductor devices— to improve present 
techniques of surface cleaning and coating-—also to seek new 
and better surface treatments. For development of personal stat­
ure, publication of basic studies will be encouraged.

2. Electrochemist, MS or PhD level
To conduct basic research in the electrochemistry of semicon­
ductors and related materials— to perform and supervise proj­
ects concerned with electrochemical and chemical etching of 
materials, developing control and selectivity—to develop elec­
troplating and other plating with good process control. Publica­
tion of basic studies will be encouraged.

Please send detailed resume including salary requirements. Palo 
Alto interviews for qualified applicants will be arranged from any­
where in the U. S.

k p
J f i f f n l M  i t  ttH it iL O J

SEMICONDUCTOR CORPORATION 
It

844 CHARLESTON ROAD • PALO ALTO, CALIFORNIA • DAvenport 6-6695
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