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A THERMODYNAMIC CALCULATION OF SELECTIVITY COEFFICIENTS 
FOR STRONG-BASE ANION EXCHANGERS1

By  G. E. B oyd, S. L indenbaum  and G. E. M yers

Oak Ridge National Laboratory, Oak Ridge, Tennessee 
Received May 26, 1960

A  c o m p u ta tio n  o f th e  e q u ilib r iu m  s e le c tiv ity  coe ffic ien ts  fo r  th e  exchange o f b ro m id e  w i th  ch lo r id e , io d id e  o r  flu o r id e  
ions  p re se n t in  d i lu te  aqueous so lu tio n s  w'as p e rfo rm e d  fo r  a series o f c ro ss-linke d  s trong-base a n io n  exchangers (p o ly s ty re n e  
q u a te rn a ry  a m m o n iu m  ty p e )  us ing  th e  G ib b s -D o n n a n  e q u a tio n . S w e llin g  pressures, P, a n d  a c t iv i t y  co e ffic ie n t ra tio s , log  
( y x - / 7 B r - ) r ,  w ere e v a lu a te d  fro m  w e ig h t sw e llin g  m easurem ents co n d u c te d  in  isop ies tic  v a p o r pressure exp e rim e n ts  o n  v i r ­
tu a lly  u n c ro ss -lin ke d  a n d  o n  c ro ss-lin ke d  exchangers. P a r t ia l m o la r v o lu m e  d ifferences, (vx—  vbi~), needed fo r  th e  sw e llin g  
fre e  en ergy  e s tim a te  w ere  d e r iv e d  fro m  d e n s ity  m easurem ents on  a w e a k ly  c ro ss-linke d  exchanger. T h e  ca lcu la te d  selec­
t i v i t y  coe ffic ien ts  w ere in  s a tis fa c to ry  ag reem ent w ith  in d e p e n d e n tly  m easured e xp e rim e n ta l va lues exce pt w i th  th e  m o s t 
h ig h ly  c ro ss-lin ke d  exchangers. W h e n  th e  va lues fo r  th e  la t te r  w ere co rrec te d  fo r  th e ir  lo w e r exchange cap ac itie s  good 
ag reem ent a p p a re n tly  w as o b ta in e d . T h e  th e rm o d y n a m ic  tre a tm e n t re p o rte d  has led  to  th e  im p o r ta n t  g e n e ra liza tio n  
th a t ,  a t  c o n s ta n t te m p e ra tu re  in  th e  absence o f specific  in te ra c tio n s  in  th e  aqueous e le c tro ly te  phase, th e  s e le c t iv ity  coeffi­
c ie n t, D i2, is  a fu n c t io n  so le ly  o f th e  w e ig h t sw e llin g  o f th e  exchanger; w h a te v e r changes th e  sw e lling , be i t  th e  exchanger 
c ro ss -lin k in g , io n ic  c o m p o s itio n  o r e x te rn a l e le c tro ly te  co n c e n tra tio n , also w i l l  change D i 2 in  a m a n n e r th a t  m a y  be e s tim a te d  
fro m  th e  G ib b s -D o n n a n  e q u a tio n .

This paper continues the program of thermo­
dynamic calculations of the ionic selectivity co­
efficients shown by organic ion exchangers when 
they are in equilibrium with dilute aqueous elec­
trolyte mixtures2; specifically, the extent of the 
selective uptake of halide ions by variously cross- 
linked strong base anion exchangers will be com­
puted.

The basis for the calculation of ion-exchange re­
action equilibrium constants is the exact Gibbs- 
Donnan equation for a membrane equilibrium in 
the presence of an hydrostatic pressure38"15

R T  In  i v a =  P(z 2 Vi —  zm ) ( I )

In eq. 1 K & is the mass law activity product ratio 
for an ion-exchange reaction involving the re­
placement of ion 1 by ion 2 , P  is the pressure, 
¿¡i and % are the partial molal volumes of the ex­
changer salts, and Zi and z2 are the charges carried 
by 1 and 2, respectively. The equation for the 
experimentally measured mass law concentration 
product ratio, or selectivity coefficient, D i2, for the

(1) Presented before the Division of Colloid Chemistry, American 
Chemical Society 132nd National Meeting, New York, N . Y ., Sep­
tember 8-13, 1957.

(2) G. E. Myers and G. E. Boyd, ./. Phys. Chem., 60, 521 (1956).
(3) (a) F. G. Donnan and E. A . Guggenheim, Z. physik. Chem., 

162A, 346 (1932); (b) F. G. Donnan, ibid., 168A, 369 (1934).

exchange of singly charged anions follows from 
eq. 1

lo g  D i 2 =  P{v 1 -  v2)/2 .3R T +  lo g  ( y i / y 2)r -  2 lo g  ( 7 1 / 7 2 ),*

(2)

where the subscripts, r and w, denote the ex­
changer and external aqueous solution phases, 
respectively, and y, and y2 are the mean molal 
activity coefficients for the halide salts 1 and 2 .

In applying eq. 2 it will be assumed that the or­
ganic anion exchanger can be regarded as a poly­
electrolyte solution or homogeneous gel phase in 
which water acts as solvent and resin halide salts 
1 and 2 are solutes. A  molal, or weight normal, 
concentration scale will be used for the ion ex­
changer and for the equilibrium aqueous electrolyte 
solution. The limited swelling of cross-linked ion 
exchangers is taken into account by the inclusion 
of a pressure-volume term in eq. 2. The swelling 
pressure, P, is defined by the variation of the free 
energy of the polymeric network with volume con­
sequent to the osmotic penetration of water mole­
cules into the exchanger.4 The standard and refer-

(4) No actual hydrostatic pressure exists inside the exchanger tha t 
can be detected and measured by conventional techniques (i.e., probes, 
etc.). However, the elastic response of the cross-linked polymeric 
network to  its osmotic penetration by water gives a strain energy 
whose change w ith volume at equilibrium is form ally equivalent to the

5 7 7
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ence state choices for the activity coefficients and 
the definition of the selectivity coefficient are the 
same as in our calculations on cation exchangers.2'5

That further confusion might be avoided re­
garding the methods employed in this and in our 
earlier paper, it is emphasized that the use made 
of eq. 1 is not a . . test of the thermodynamic 
theory of ion-exchange processes of Gregor . . . ,” 6 
In this latter, non-thermodynamic treatment7 
which starts with eq. 1, the solvent was chosen as 
the “free water” remaining in the exchanger after 
a fixed amount of the total water was assigned, 
arbitrarily, to the ions as water of hydration. 
The partial molar volumes in eq. 1 were then identi­
fied with the molar volumes of the hydrated ions 
derived from conductivity measurements, and the 
activity coefficient ratios in In K a were taken as 
approximately unity. In some cases an apparent 
qualitative concordance is given with experiment 
by this simplification; in general, however, a 
quantitative account cannot be obtained without 
assuming a variable ionic hydration. Further, 
it is not possible to account, even qualitatively, for 
observed selectivity coefficient increases with in­
creasing amounts of the preferred ion8 in the ex­
changer, or for selectivity coefficient reversals. 
When experimentally defined stoichiometric partial 
molal volumes, concentrations and activity coef­
ficients are employed in eqs. 1 and 2 the second 
member of the right hand of eq. 2 has been found9'10 
to determine the magnitude of log D\2.

This paper will demonstrate that each of the 
three right-hand members of eq. 2 can be evaluated 
by using exact thermodynamic equations. The 
estimates of log D i2 thus derived will be shown to 
be in agreement with the selectivity coefficients 
measured directly by experiment. Evidence will 
be presented for the important generalization that, 
at constant temperature in the absence of specific 
interactions (e.g., complex ions, etc.,) in the 
aqueous electrolyte phase, D , 2 is a function only of 
the weight swelling of the exchanger11; whatever 
changes the swelling, be it (a) the exchanger cross-
hydrostatic pressure tha t would be needed i f  no cross-linking were 
present. Thus, the thermodynamic properties and, hence, the ionic 
selectivity of a cross-linked exchanger can be modified by the action 
of an external hydrostatic pressure which would expel water and in ­
crease the concentration of the polyelectrolyte phase.

(5) The absence of a coefficient to the second term  in the right- 
hand side of eq. 2  is a consequence of the hypothesis tha t the poly­
cation of the anion exchanger carries a large number of positive 
charges. The exchanger may be regarded as an n, 1 electrolyte 
where n is very large. The mean molal ac tiv ity  coefficient of the 
resinate salt is y± — yv+ / v,yv- / v where the to ta l number of ions, 
p, is given by p =  p+  +  v- =  1 - f -  v - . The quantity p is very large 
so tha t to a good approximation v±Jp is zero, v- =  v and 7 + =  7 - .  
Physically, the foregoing statement means tha t the thermodynamic 
properties of a high molecular weight ion exchanger are determined 
by its  mobile counterions, and tha t the contributions from the struc­
turally-bound ionic exchange groups may be taken as negligibly small. 
The coefficient to  the second term  on the right-hand side of eq. 2 
differs from un ity  accordingly by a negligibly small amount.

(6 ) H . P. Gregor, Ann. Rev. Pkys. Chem., 8, 470 (1957).
(7) H. P. Gregor, J. Am. Chem. Soc., 70, 1293 (1948); 73, 642 

(1951).
(8 ) The preferred ion is defined as tha t ion taken up selectively 

when present in  the system in micro-amounts.
(9) E. Glueckauf, Proc. Roy. S o c .  (London), 214, 207 (1952).
(10) G. E . Boyd and B. A . Soldano, Z. Elektrochem., 57, 162 (1953).
(11) The quantitative measure of weight swelling is the equivalent 

water content, xw, given in g. equiv.-1, or, its  inverse, the weight nor­
mality, N m —  1 0 0 0 /xw.

linking, (b) the ionic composition or (c) the ex­
ternal electrolyte concentration, also will change 
the selectivity coefficient in a manner that may 
be estimated using eq. 2 .

Evaluation of Terms in Fundamental Equation
2.— The first term of the right-hand member of 
eq. 2 contains two quantities which require inde­
pendent estimates.

The swelling pressure for cross-linked ion ex­
changers may be computed10 by eq. 3 where vw 

P  =  (RT/vw) In (aw'/aw) (Nm constant) (3)

is the partial molal volume of water in the ex­
changer. The use of eq. 3 requires that the water 
activity, O w ', in a cross-linked exchanger be com­
pared with the activity, Ow, in a chemically identi­
cal unlinked exchanger containing the same amount 
of water per equivalent. In this investigation 
the cross-linked exchangers were in equilibrium 
with 0.1  molal pure or mixed 1 -1  electrolytes; 
hence, log aw ' may be computed from known osmotic 
coefficients, <£, at this concentration. The pres­
sure is therefore given by

K A Q Q Q  V  I f ) 4
P (atm .) =  X - [ -0 .0 0 1 5 6 0  -  log aw]Nm (3a)

Vw
Required values of log aw for a non-cross-linked 
exchanger of the same weight normality, N m, 
as the cross-linked preparation may be interpolated 
from values of log aw determined on a very weakly 
cross-linked exchanger as a function of N m in iso- 
piestic vapor pressure experiments. A  small, 
usually negligible, correction to the value of P  esti­
mated in eq. 3a can then be made for the pressure, 
Po, in the weakly cross-linked exchanger when it is 
in equilibrium with pure water using

Po =  (ÆïTfw/lOOOSw) f 0 °V m° =  24.4 *0°7Vm° (3b)

where M w is the molar mass and vw the partial 
molal volume of water, v<j>° and N m° are the molal 
osmotic coefficient and weight normality of the 
fully swollen exchanger, respectively. The neces­
sary value of v<t>° may be found by extrapolating 
the experimentally determined curve for the varia­
tion of vcj) with N m to Nm°- The magnitude of vw 
varies with N m and to a much lesser extent with P 12; 
however, the value 18.069 ml. mole-1  may be used 
with less than 1%  error in some cases (c/., Tables 
IV and V).

The partial molal volume difference, (pi — v2), 
may be evaluated from experimental measurements 
of the equivalent volumes, V e, of resins of varying 
water content and ionic composition2

/ *Xvr
(àVvr/àX2 )xw dxw (4)

where V i and V 2 are the molar volumes of the dry 
résinâtes 1 and 2 , respectively, x 2 is the equivalent 
fraction of 2 (he., “ loading” ), and x w the equivalent 
water content. Equation 4 is exact and does not 
assume that D„ remains constant, independent of 
the weight normality (he., x w), or composition (x 2) 
of the exchanger. In special cases it may be ac­
ceptable to assume vw is independent of x w and 
x 2;  then the labor in estimating (Vi — v2) may be

(12) The compressibility of water is sufficiently small th a t the pres­
sure dependence of vw w ill be ignored. For example, there is less than 
3% decrease in  vw° even when P =  500 bars.
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reduced.13 Generally, however, and especially 
where the exchange of multi-charged anions (or 
cations with cation exchangers) occurs, it will be 
necessary to employ eq. 4 .14

The second term of the right-hand member of 
eq. 2 reflects the contribution of the ionic inter­
actions in the exchanger to log D i2. It may be eval­
uated by means of eq. 5 from measurements of the 
variation of x w for a weakly cross-linked exchanger 
with ionic composition for a range of water activi­
ties, aw, in an isopiestic vapor pressure experiment
lo g  ( Y l / 7 -2) 1  ~  lo g  ( y i * /Y 2 * ) r  =

0 .0 5 55 1  f  8  ( d £ w /h c 2 d  lo g  a w =  0 .0 55 5 1 1 b, (5 )

In addition to the measurements from which / r 
is estimated, it is necessary to evaluate the term 
log (Y *i/7 *2)r. This was accomplished by ex­
perimental selectivity coefficient measurements on 
the same exchanger in 0.01 N  electrolyte, because, 
when P  =  0, eq. 2 then gives log D *  =  log (7 *1/  
7 * 2 ) r - 16

The third term in the right hand of eq. 2 for the 
mean molal ionic activity coefficient ratio for the 
dilute aqueous mixed electrolyte may be evaluated 
following Robinson and Stokes16

lo g  ( 7 1 / 7 2 %  =  lo g  ( y i (0) / y 2<0) )  -  ( 6 1 '  -  W ) m  ( 6 )

In eq. 6 7 i<0) and 72(0) are the activity coefficients 
for electrolytes 1 and 2 when present alone in 
aqueous solution at molality to, and the parameters 
W  and W  are related to the /3’s tabulated by Gug­
genheim17 by b' =  0.4342/3

It may be useful to note several features, as well 
as limitations, of the program of calculations out- 
fined above.

(a) The applicability of eq. 5 is based on the as­
sumption that an ion exchanger when it is in equi­
librium with a dilute aqueous electrolyte may be 
regarded as a ternary mixture of polyelectrolyte 
salts 1 and 2 and water. When the concentration 
of external aqueous solution is small (i.e., 0.1 M  
or less) Donnan invasion of cross-linked exchangers 
by electrolyte can be neglected, and the fore­
going assumption holds to a good approximation. 
However, when high concentrations of electrolyte 
or very weakly cross-linked exchangers are em­
ployed, electrofyte penetration may become ap­
preciable, and eq. 5 will be inapplicable.18

(b) It will be seen from eq. 5 that the calculation 
of log (7 i /7 2)r on an absolute basis will not be ac-

(13) E. Hogfeldt, Acta Chem. Scand., 12, 182 (1958).
(14) The difference, (in —  vi), is a function of P as well as of Nm. 

However, the dependence of Av on P is so slight tha t i t  can be neglected 
w ithin the lim its  of error of the calculations in this paper.

(15) The accurate evaluation of log Z>* requires tha t la) the meas­
ured log P i2 values be extrapolated to infinite d ilu tion and (b) corrected 
for the fact tha t the pressure is not zero. Neglect of these refinements 
introduces an error well below tha t of the measurements themselves, 
however.

(16) I t .  A. Robinson and R. H. Stokes, “ Electrolyte Solutions,”  
Butterworth's, London, 1955, p. 440.

(17) E. A. Guggenheim and J. C. Turgeon, Trans. Faraday Soc., 51, 
747 (1955).

(18) The molal Donnan distribution coefficient, Xd , fo r the equi­
lib rium  between a nominal 2% DVB cross-linked Dowex-2 (Prepara­
tion J, Table I) exchanger and 0.1 N sodium chloride solution is 0.2. 
The concentration of NaCl in the exchanger is therefore 0.02 N which 
is negligibly small compared w ith Nm = 1.92, the weight norm ality 
of resin chloride.

complished. Hence, the selectivity coefficients 
estimated with eq. 2 will be relative to those for 
the weakly cross-linked exchanger upon which the 
isopiestic weight swelling measurements were 
made. An absolute estimation may be realized 
when log (7 *1/ 7 *2)r =  log D *  =  0, as was the case to 
a good approximation for the exchange of Na+  
with H + ion and with several alkali metal cations2; 
with strong-base anion exchangers, however, large 
selectivity coefficients were observed even with the 
most lightly cross-linked preparations.

(c) The calculation using eq. 2 assumes that the 
properties of highly cross-linked exchangers may 
be estimated from measurements on a very weakly 
cross-linked exchanger. It is postulated that cross- 
linking does not change the thermodynamic proper­
ties of the polyelectrolyte, so that all exchangers 
of the same chemical type and exchange capacity 
(dry basis) will show the same values of log (7 i / 72)r 
and (Si — v2) if they are of identical weight swelling. 
Comparisons between cross-linked and uncross- 
linked exchangers are presumed to be valid after 
correcting for the differences in their free energies 
of swelling. Stated alternatively, the selectivity 
coefficient of a weakly cross-linked exchanger could 
be increased by the application of an external pres­
sure sufficient to expel water from it, and its co­
efficient could be made identical with that for a 
more highly cross-linked exchanger if N m were in­
creased to the same value as that for the latter ex­
changer. In principle, an “ ionic pump” could be 
based on these ideas.

Experimental
The strong-base anion exchangers employed were de­

rived from polystyrene-divinylbenzene copolym er spheres 
into which positively charged quaternary ammonium groups 
(benzyldimethylethanol) were structurally bound. These 
preparations (D owex-2) were received from  the Physical 
Research Laboratory of the D ow  Chemical Com pany, 
Midland, Michigan, in two different series. Their cross­
linkings, measured approximately by  the nominal per cent, 
of divinylbenzene (D V B ) used in preparing the copolymer, 
varied from 0.5 to 24%  D V B . Acidimetric titration showed 
the preparations to  be nearly monofunctional (i.e., less 
than ca. 3 %  weak-base capacity). The desired homo-ionic 
and mixed salt-forms were prepared with 1 M  solutions of 
reagent-grade sodium halide after a pre-treatment of the 
exchangers to remove tertiary amine impurities, linear poly­
electrolyte and defective particles. Excess salt solution was 
rinsed from the chloride, bromide and iodide salt-forms with 
demineralized water. Initially tenth normal hydrofluoric 
acid solution was used to rinse the fluoride salts; however, 
it was observed that this treatment gave fluoride ion con­
tents approximately 10%  above the exchange capacity, 
presumably because of the strong absorption of H F 2~ ion. 
Neutral 0.1 N  sodium fluoride solution was employed there­
after.

Chemical analyses were conducted on the initial pure and 
mixed resin halides of the 0 .5%  D V B  preparations used for 
the water absorption measurements (Table I I I )  and on the 
equilibrium resins from  the selectivity coefficient measure­
ments, so that the equivalent fraction of a given halidein  
the exchanger might be estimated. Analyses of the fluoride 
salt forms were performed on NaNCh solutions used to 
displace fluoride ion quantitatively from  the exchanger. 
Lead chlorofluoride was precipitated ,19 dried, weighed and 
redissolved in acid, and chloride ion was determined volu- 
metrically using the Volhard procedure. The other halides 
were estimated by  argentometric titration using a silver 
wire and a calomel reference electrode. The exchange 
capacities of the dry chloride salt-forms of the variously

(19) W. F. Hillebrand and G. E. F. Lundell, “ Applied Inorganic
Analysis,”  John W iley and Sons, New York, N. Y., 1929, p. 604.
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Fig. 1.— Selectivity coefficients at 25° for the brom ide- 
chloride ion exchange equilibrium between variously cross- 
linked Dowex-2 and 0.1 N  N a(C l +  Br) solutions. (M eas­
urements on preparations A, C, F, G and H taken from 
ref. 25.)

Fig. 2.— Selectivity coefficients at 25° for the iodide- 
bromide ion-exchange equilibrium between variously 
cross-linked Dowex-2 and 0.1 N  N a(B r +  I) solutions. 
(Measurements on preparations A, C, F, G and H taken from 
ref. 25.)

cross-linked exchangers are given in Table I . If an ion- 
exchange group were present on every benzene ring in the 
exchanger, a capacity of 4.14 m eq ./g . dry Cl-form would 
have been found. The observed capacities varied from  95 
to 4 6%  of this theoretical value.

Several methods to determine the water contents of the 
salt-forms of the cross-linked preparations in equilibrium 
with 0.1 N  electrolyte solutions were employed. Cen­
trifugation techniques20 could be used on the more highly 
cross-linked exchangers to yield equivalent water content 
values of fair accuracy when care was exercised to standard­
ize the procedure. Determination of water in the weakly 
cross-linked exchangers ( i.e ., <  6 %  D V B ) presented a more

(20) (a) H. P. Gregor, K. M. Held and J. Beilin, A n a l . C h em ., 23,
620 (1951). (b) K. W. Pepper, D. Reichenberg and D. K. Hale,
J . C h em . S o c ., 3129 (1952).

difficult problem . Accurate xw values were obtained b y  
using isopiestic equilibration techniques10 which, unfortu­
nately, were inconvenient. An attempt was made to 
devise a rapid, accurate and convenient method using radio­
active lanthanum ion as a tracer. It was assumed that 
water, but not L a +++ ion, would be taken up on immersing 
dry anion exchanger in a 0.1 N  sodium halide solution con­
taining radio-lanthanum. Unfortunately, L a +++ was ab­
sorbed; measurements of this absorption at varying lan­
thanum concentrations would be required to  effect a cor­
rection, and this detracted from  the apparent convenience 
of the method.

T a b l e  I

E x c h a n g e  C a p a c it ie s  a n d  E q u iv a l e n t  W a t e r  C o n ­
t e n t s  o f  H a l id e  Sa l t - f o r m s  o f  C ross-l in k e d  D o w e x -2  

P r e p a r a t io n s

Capacity
Nominal (meq./g. Water content 6

Iden- % D VB dry Cl- ,---------------- (g. H 20 /e q .)------------------- -
tity« content form) RF RC1 RBr RI

A 16 1.91 128 114 87.1 65.4
B 24 2.17 139 103
C 8 3.10 185 139 100 66.7
D 10 3.03 247 141 108 (101)
E 6 3.21 177 119 (102)
F 4 3.47 294 233 159 83.3
G 2 3.79 345 264 181 84.9
H 1 3.71 424 333 215 86.3
I 4 3.73 497 318 234 105
J 2 3.51 763 521 326 112
K 0.5 3.95
L 0.5 3.66 2100 1428 842

“ Preparations A , C, F , G and H from Series 1; the re­
mainder from Series 2. b Equivalent water contents for 
exchangers in equilibrium with decinormal aqueous sodium 
halide solution containing same anion.

Equivalent water values for the homo-ionic salt-forms 
are summarized in Table I ; only an approximate cor­
respondence holds between xw and the nominal D V B  con­
tent. The sequence of decreasing x„  for constant cross- 
linking was F ~  >  C l-  >  B r-  >  I - . Measurements (data 
not given) on mixed halide exchangers showed a linear 
decrease of xw with the equivalent fraction of the preferred 
halide ion in the exchanger excepting for the weakly cross- 
linked preparations, H , I , J, K  and L , where small positive 
deviations were observed.

Selectivity coefficient measurements were performed 
by batch equilibrium techniques with weighed amounts of 
the pure exchanger salt forms and 0.1 A  sodium halide solu­
tions. Radioactive tracers (1.87 h F 17, 35.5 m C l38, 35.9 h 
Br82 and 8.05 d I 131) were employed; both exchanger and 
aqueous phases were analyzed and material balances were 
established for all of the experiments reported. The rate of 
anion exchange was rapid and equilibrium appeared to  be 
attained in much less than one hour. In many cases the 
equilibrium point was approached from both sides. The 
experimental errors were such that Di2 values appeared to be 
certain to ± 2 % .  The measurements on the preparations 
listed in Table I are presented in Figs. 1, 2 and 3 where Zh2 
is plotted (log scale) as a function of the equivalent fraction 
of the preferred ion in the exchanger.

Several features seem noteworthy: (a) There was rela­
tively little dependence of the selectivity coefficient on the 
equivalent fraction of the preferred ion in the exchanger 
(i.e., on the “ loading” ) in the exchanges of bromide with 
chloride or with iodide ion; with fluoride ion large values of 

were observed, and a strong dependence o f the 
selectivity coefficient on xrt- was found, (b ) Selectivity 
coefficients greatly different from unity were observed even 
with the most weakly cross-linked anion exchangers; this 
behavior contrasts strongly with that for 0 .5 %  D V B  
Dowex-50, where, in the alkali metal cation exchanges, 
selectivity coefficients close to unity were found, (c ) 
In all cases the selectivity coefficient decreased with the 
equivalent fraction of the preferred ion; in the brom ide- 
fluoride exchange log Dv-Br~ decreased linearly with u , - ,  
whereas the decrease of log Z>ci-Br_ was concave to the xbt-
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axis and log Dm-1* was convex to  the x r  axis, (d ) A s a 
possible general rule, the higher the selectivity coefficient 
the greater its dependence on the equivalent fraction of the  
preferred ion.

E quivalent volum e, F e m easurem ents on various salt- 
form s of preparation I  (T a ble  I )  in the dry state and with  
varying equivalent water content were conducted pycno- 
m etrically using dry re-octane as a displacement liquid . 21 
Uncracked beads were selected, and care was exercised to  
ensure the removal of occluded air during the pycnometric  
operations. T he desired degrees of exchanger hydration  
were established by isopiestic vapor pressure equilibrations. 
Equivalent water contents, X w, in moles per equivalent 
were determined from  the weight losses observed on heating 
the exchanger at 6 5 °  for 48  hours in a vacuum  oven connected 
to a trap immersed in liquid nitrogen. T h e  precision of the  
Ve values was ± 0 . 2 % ;  the X w values probably were no 
better than ± 1 % .  T h e  data were fitted to  equations of the 
form , for x2 constant

F e =  F a +  i w l ,  (7a)
4> w =  <£w°Xw/ ( 6  +  Xy,) (7b )

where F a is the equivalent volum e of the anhydrous ex­
changer salt, and <j>w is the apparent m olal volum e of water 
in the exchanger. In  earlier publications10'201* 0 W has been 
taken as equal to  4>w°, the molar volum e of pure water (18 .069  
m l). In  general, however, 0 W m ust be a function of Nm 
(or i » )  as is true w ith ordinary aqueous electrolyte solutions, 
and 4>w should approach a t infinite dilution (b e ., in­
definitely large æw). Values of F a and b derived from  the 
volum e m easurem ents are listed in T able I I  together with  
corresponding values for the partial m olal volum e of the  
exchanger salt at infinite dilution, ra° . T he m agnitude of 
difference ( F »  — p,°) m ay be a measure of the électrostric­
tion experienced b y  water on entering the dry exchanger; 
this difference is greatest for the fluoride and least for the 
iodide salt form . T he fractional m olar électrostriction, 
(F a  — v appears to be the sam e numerically as the 
empirical constant, b, as is necessary b y therm odynam ics.

T a b l e  II

V a r ia t io n  o f  E q u iv a l e n t  V o l u m e s , F e, o p  A n io n  E x ­
c h a n g e r  S a l t - f o r m s  ( M l .) w i t h  E q u iv a l e n t  W a t e r  

C o n t e n t , X w (M o l e s  E q u iv . -1 )
Fe =  Va +  =  Fa +  0 V X w  V(b +  I . )

Salt-form Fa Fa° b
Fa -

VliO
(Fa -
Tao)/
<f>VfO

Fluoride 2 1 0 .9 1 9 9 .3 0 .6 4 8 1 1 . 6 0 .6 4 2

Chloride 2 2 5 .3 2 1 8 .5 .3 7 8 6 . 8 .3 7 6
Brom ide 2 3 1 .8 2 2 6 .5 .292 5 .3 .2 9 3
Iodide 2 4 2 .2 2 3 8 .9 .181 3 .3 .1 8 3
Fluoride-brom ide'* 2 2 0 . 2 2 1 3 .7 .361 6 .5 .3 6 0
Chloride-brom ide“ 2 2 8 .5 2 2 2 . 0 .3 5 9 6 .5 .3 6 0
Iodide-brom ide“ 2 3 8 .3 2 3 3 .3 .276 5 .0 .2 7 7

“ Equim olar m ixture, xbi-  =  C .5 . 

T h e equivalent w ater contents of the salt-form s of the
weakly cross-linked (nom inal 0 .5 %  D V B )  preparations 
used as the reference exchangers in this work were measured 
as a function of ionic com position for various water activi­
ties, a,v, using a gravimetric isopiestic m eth od .2 T he  
values given in T ab le  I I I  are precise to ±  0 .1 5 % ; their 
accuracy is alm ost certainly lower principally because of 
uncertainties in the attainm ent of isopiestic equilibrium. 
In  contrast to  the alkali m etal cation salts of a nominal
0 .5 %  D V B  linked polystyrene sulfonate, the rate of a p ­
proach to  isopiestic equilibrium b y  the anion exchanger 
salts was low , and as m any as 14 days frequently were re­
quired to  attain constant water absorptions. In  addition, 
difficulty was experienced w ith the fluoride salt form  be­
cause of its apparent instability. I t  was not possible using 
the isopiestic m ethod to measure x „  values for aw =  1 .0 0  
reliably; the values in T ab le  I I I  were determ ined by  
centrifugation w ith an accuracy which was surely no better 
than ± 2 % .

(21) The very slight pressure dependence of the partial molal vol­
ume of water will be ignored. Accordingly, v will be assumed to 
depend on N m only and to be independent of the exchanger cross- 
linking. Preparation I was chosen for reasons of convenience.

F ig. 3 .— Selectivity coefficients at 2 5 °  for the b rom id e- 
fluoride ion-exchange equilibrium between variously cross- 
linked D ow ex-2 and 0.1  N  N a (F  +  Br) solutions (log  
scale for D | V ).

Treatment of Experimental Data.—The experi­
mental weight swelling and equivalent volume 
measurements on the weakly cross-linked reference 
exchanger will be treated so as to compute log D x2 

as a function of the weight normality, N m. It is 
convenient to proceed in this manner because with 
cross-linked exchangers N m varies with the degree 
of cross-linking for constant composition, x.t, 
and external ionic strength, fi; with x2 for constant 
cross-linking and ¡j.; or, with n, for constant x2 

and crosslinking. Accordingly, to evaluate the 
terms in eq. 2 the data of Table III were fitted by 
least-squares methods to empirical equations of 
the form

xw =  a +  bx-t +  cx22 (8)

where x2 is the equivalent fraction of bromide or 
iodide ion in the exchanger for the various — log a* 
employed. Next, xw values computed from eq. 8 
for x 2 =  0.0, 0.5 and 1.0 were fitted to

— 1000 log Ow =  a +  (SVm +  yArm2 (9 )

where N m =  lOOO/av22
The first step in the numerical calculations con­

sisted in evaluating the swelling pressure-volume 
term in eq. 2. Values of —log aw from eq. 9 and 
of vw =  (dFe/Stew)*., found by differentiating eq. 
7 were substituted into eq. 3a; P  was found to 
vary between zero and 600 atmospheres, to in­
crease with Nm and to depend on the salt-form of 
the exchanger (Tables IV, V and VI). The partial 
molal volume of water in the exchanger decreased 
with increasing resinate concentration, and, for a 
given N m, was smallest for the fluoride and largest 
for the iodide salt-form. The variation of vw 
with ionic composition, x 2, was linear within ex­
perimental error so that the partial molal volume 
differences, (vx — f’2), evaluated using eq. 4 were 
independent of x 2. The integration in eq. 4 was 
performed analytically using eq. 7 to give (zq — 
Vi) as a function of N m. A comparison of these 
values is made in Fig. 4 with the corresponding

(22) The “ least squares”  constants for eqs. 8 and 9 will be supplied
on request to the senior author.
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T a b l e  I I I

Equivalent Water Absorption ( g . H20 /E q.) b y  Various Halide Salts o f  Nominal 0.5% DVB Cross-linked Dowex-2
a s  a  F u n c t io n  o f  W a t e r  V a p o r  A c t iv it y

fraction ' 0.00000 0.00346 0.00877 0.03395 0.04484 0.07438 0.09307 0.12332 0.14978 0.20901 0.27687'

B rom ide-C hloride“

X B t~

0 .0 0 0 2375 654 353 169 143 106 9 3 .6 7 9 .1 7 1 .6 5 8 .4 5 0 .2

.2 3 5 2300 618 331 1 4 7 .4 1 2 9 .6 9 9 .3 8 5 .9 7 1 .4 6 4 .9 5 3 .1 4 5 .1

.471 2176 547 295 1 3 6 .1 1 2 0 . 1 (9 3 .2 ) 8 0 .6 6 7 .3 6 1 .2 5 0 .6 4 2 .7

.7 3 5 20 4 9 ' 493 257 120 1 0 6 .6 8 2 .7 7 1 .3 5 9 .7 5 5 .2 4 5 .6 3 8 .7
1 . 0 0 0 1930 406 215 114 1 0 0 . 8 7 5 .5 6 7 .7 5 5 .6 5 0 .5 4 2 .1 3 6 .6

x i -
0 . 0 0 0 1930 406 215 114

Iodide-B rom ide“ 

1 0 0 .8  7 5 .5 6 7 .7 5 5 .6 5 0 .5 4 2 .1 3 6 .6
.1 9 4 1880 339 1 7 7 .6 8 9 .0 8 3 .6 6 6 . 0 5 6 .2 4 6 .5 4 4 .7 3 7 .4 3 2 .0
.4 1 6 1770 263 1 5 4 .3 8 1 .1 7 2 .9 5 8 .1 4 9 .5 4 2 .4 4 0 .9 3 4 .7 2 9 .6
.6 8 9 1330 1 9 0 .4 1 2 2 . 6 7 1 .1 6 5 .7 ( 5 2 .9 ) 4 6 .6 4 0 .9 3 8 .6 3 3 .1 2 8 .2

1 . 0 0 0 196 1 3 5 .1 9 6 .6 ( 6 2 .3 ) 5 0 .9 4 0 .7 4 0 .3 3 6 .0 3 3 .2 2 9 .0 2 5 .7

0.00000 0.00157 0.00184
Bromide-Fluoride6 

0.00306 0.00877 0.03395 0.04484 0.07438 0.09307 0.12332 0.14978

X B r -

0 .0 0 0 2823 1362 1 2 2 1 931 598 265 225 1 6 5 .1 1 4 5 .0 1 2 2 .5
.2 5 0 2745 1192 1060 783 488 217 1 8 0 .9 1 3 8 .4 1 1 8 .6 9 9 .8
.5 0 0 2561 1 0 1 0 885 639 393 1 7 6 .7 1 4 7 .4 1 1 4 .9 9 8 .0 8 4 .7
.7 5 0 2301 791 693 485 289 1 3 7 .1 1 1 5 .7 8 9 .5 7 8 .9 6 8 .7

1 .0 0 0 1697 514 443 309 186 1 0 0 .3 8 7 .5 6 8 . 0 6 1 .7 5 1 .4
°  Preparation K , T able I .  6 Preparation L , T able I . '  Value for zb i-  == 0 .848 .

T a b l e  I V

C o m p u t a t io n  o f  L o g  D c i -Br_ a s  a  F u n c t io n  o f  R e s in a t e  W e ig h t  N o r m a l it y  in  t h e  B r o m id e - C h l o r id e  I o n  E x ­
c h a n g e  ( n  =  0 .1 0 )

log DeiJBr— _ P(vc 1------»Br-)/2.3 RT  — 55.511r +  log (t *ci- / y *Br~)r — 2 log (T'NaCl/'>'NaBr)w
W eight

normality,
Arm ZBr— — log (Iw — 55.51/r

log
(t *C1-/y *Bi--)r »W (ml.) P  (atm.) (i'Cl - — ÜBr— ) P M / 2 .3 R T log D c i-Br

0.0 0.00156 0.0172 0.2780 18.068 2.0 8.1 -0.0003 0.2975
1 0.5 .00101 .0220 .2420 18.068 -0 .2 8.1 .0000 .2664

1.0 .00090 .0224 .1965 18.068 -0 .9 -8 .1 +  .0001 .2216
0.0 .00560 .0561 .2780 18.066 14.6 -8 .1 -  .0021 .3346

2 0.5 .00374 .0652 .2420 18.066 8.4 -8 .1 -  .0012 .3086
1.0 .00250 .0693 .1965 18.067 4.1 -8 .1 -  .0006 .2678
0.0 .01109 .0972 .2780 18.062 31.7 -8 .1 -  .0046 .3732

3 0.5 .00785 .1093 .2420 18.063 21.2 -8 .1 -  .0031 .3508
1.0 .00513 .1138 .1965 18.064 12.3 -8 .1 -  .0018 .3111
0.0 .01775 . 1362 .2780 18.056 52.5 -8 .0 -  .0075 .4093

4 0.5 .01279 .1452 .2420 18.059 36.6 -8 .0 -  .0052 .3846
1.0 .00900 .1572 .1965 18.062 24.3 -8 .0 -  .0035 .3528
0.0 .03457 .2093 .2780 18.040 105.1 -8 .0 -  .0149 .4750

6 0.5 .02516 .2050 .2420 18.045 75.3 -8 .0 -  .0107 .4389
1.0 .01854 .2200 .1965 18.051 54.1 -8 .0 -  .0077 .4114
0.0 .05606 .2772 .2780 18.018 172.5 -7 .9 -  .0242 .5336

8 0.5 .04084 .2527 .2420 18.027 124.3 -7 .9 -  .0174 .4799
1.0 .03050 .2669 .1965 18.036 91.5 -7 .9 -  .0128 .4532
0.0 .08223 .3384 .2780 17.992 254.6 -7 .9 -  .0357 .5833

10 0.5 .05984 .2961 .2420 18.006 183.9 -7 .9 -  .0258 .5149
1 .0 04487 .3037 .1965 18.020 136.6 - 7 . 9 -  .0191 .4837
0 .0 .11307 .3971 .2780 17.962 351.9 -7 .8 -  .0487 .6290

12 0.5 08216 .3351 .2420 17.983 254.1 -7 .8 -  .0352 . 5445
1 .0 .06165 .3340 .1965 18.003 189.2 -7 .8 -  .0262 .5069

volume differences evaluated from density data N m =  0, was gratifying. In passing, it is noted 
on concentrated aqueous potassium and cesium that the volume differences were negative, 
halide solutions.23 The agreement, especially for Calculations of the resin halide mean molai
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T a b l e  V
C o m pu tatio n  o f  L og  D bi--1 -  a s  a  F u n c tio n  o f  R e s in a t e  W e ig h t  N o r m a l it y  in  th e  I o d id e - B r o m id e  I on  E x c h a n g e

(m = 0.10)
log DBr“ 1"  = P (v Br- -  5r)/2.3R T  - 5 5 .5 1 /r  +  log (T*Br-/Y*i -) r  — 2 log (YNuBr/YNaOw

Weight
normality.

JVrn ra- —  log aw —  5 5 . 5 1 1 k

log
(7*Br-/7*I-)r !>w(ml.) P(atm.) (f’Br- — Si-) PAS/2.3B77 log -Dur-1-

0.0 0.00090 0.0215 0.5441 18.067 -0 .9 -1 2 .4 +0.0002 0.5688
1 0.5 .00045 .0110 .5250 18.067 - 1 .6 -1 2 .4 +  .0003 .5393

1.0 .00000 .4983 18.068 -2 .3 -1 2 .4 +  .0005 .5018
0.0 .00513 .0952 .5441 18.066 12.3 -1 2 .3 -  .0027 .6396

3 0.5 .00229 .0444 .5250 18.066 4.1 -1 2 .3 -  .0009 .5715
1.0 .00000 .4983 18.067 -2 .3 -1 2 .3 +  .0005 .5018
0.0 .01347 .1843 .5441 18.058 38.3 -1 2 .3 -  .0084 .7230

5 0.5 .00502 .0832 .5250 18.061 12.6 -1 2 .3 -  .0028 .6084
1.0 .00000 .4983 18.064 -2 .3 -1 2 .3 +  .0005 .5018
0.0 .02422 .2520 .5441 18.044 71.9 -1 2 .3 -  .0157 .7834

7 0.5 .01047 .1352 .5250 18.052 29.7 -1 2 .3 -  .0065 .6567
1.0 .00262 .0312 .4983 18.059 5.9 -1 2 .3 -  .0013 .5312
0.0 .03738 .3142 .5441 18.028 113.1 -1 2 .2 -  .0245 .8368

9 0.5 .01759 .1807 .5250 18.041 51.9 -1 2 .2 -  .0112 .6975
1.0 .00487 .0518 .4983 18.054 12.9 -1 2 .2 -  .0028 .5503
0.0 .05295 .3697 .5441 18.012 161.9 -1 2 .2 -  .0351 .8817

11 0.5 .02637 .2200 .5250 18.026 79.4 -1 2 .2 -  .0172 .7308
1.0 .00899 .0778 .4983 18.040 25.8 -1 2 .2 -  .0056 .5735
0.0 .07094 .4243 .5441 17.994 218.4 -1 2 .2 -  .0473 .9241

13 0.5 .03682 .2563 .5250 18.016 112.1 -1 2 .2 -  .0243 .7600
1.0 .01500 .0969 .4983 18.038 44.6 -1 2 .2 -  .0097 .5885
0.0 .09134 .4797 .5441 17.975 282.5 -1 2 .1 -  .0606 .9662

15 0.5 .04894 .2883 .5250 18.003 150.1 -1 2 .1 -  .0322 .7841
1 .0 .02288 .1140 .4983 18.030 69.2 -1 2 .1 -  .0149 .6004

Table VI
Computation of Log Df- St as a Function of Resinate Weight Normality in the Bromide--Fluoride Ion Exchange

(m = 0.10)
log L>f-Br = P(0f- -  5Br-)/2.3RT - 5 5 .5 1 /r  +  log (tV / tV - )r — 2 log (TNaF/TNaBr)w

Weightnormality,
N m XBt~ — log aw — 55.51/r log(Y*F-/Y*Br- )r Sw (ml.) P (atm.) (ÖF- — VBr— ) PM/2.3RT log

0.0 0.00279 0.0821 0.9270 18.067 6.0 — 27.2 -0.0029 1.0158
1 0.5 .00123 .0640 .8330 18.067 0.6 — 27.2 -  .0003 0.9063

1.0 .00090 .0470 .6410 18.068 -0 .9 -27.2 +  .0004 .6980
0.0 .01066 .2510 .9270 18.060 30.5 -27.1 -  .0146 1.1730

2 0.5 .00535 .1990 .8330 18.064 13.5 -27.1 -  .0065 1.0351
1.0 .00250 .1150 .6410 18.067 4.1 -27.1 -  .0020 0.7636
0.0 .02070 .4000 .9270 18.048 61.9 -27.0 -  .0297 1.3069

3 0.5 .01069 .3090 .8330 1 8 .0 5 5 3 0 .1 - 2 7 . 0 -  .0 1 4 4 1 .1 3 7 2

1 . 0 .00513 .2045 .6 4 1 0 1 8 .0 6 4 1 2 .3 - 2 7 . 0 -  .0059 0 .8 4 9 2

0 . 0 .0 3 2 9 2 .5 3 1 0 .9 2 7 0 1 8 .0 3 2 100.1 - 2 6 . 9 -  .0 4 7 8 1 .4 1 9 8

4 0 .5 .01725 .4 0 5 0 .8 3 3 0 1 8 .0 4 7 5 0 .6 - 2 6 . 9 -  .0 2 4 2 1 .2 2 3 4

1 . 0 .00900 .2 9 9 0 .6410 1 8 .0 6 2 2 4 .3 - 2 9 . 9 -  .0116 0 .9 3 8 0

0 . 0 .04732 .6500 .9 2 7 0 1 8 .0 1 3 1 4 5 .3 - 2 6 . 8 -  .0691 1 .5 1 7 5

5 0 .5 .02503 .4930 .8 3 3 0 1 8 .0 3 6 7 5 .0 - 2 6 . 8 -  .0 3 5 7 1 .2 9 9 9

1 . 0 .01347 .3835 .6 4 1 0 1 8 .0 5 8 3 8 .3 - 2 6 . 8 -  .0 1 8 2 1 .0 1 5 9

0 . 0 .08266 .8640 .9270 1 7 .9 6 4 2 5 6 .5 - 2 6 . 6 -  .1211 1 .6 7 9 5

7 0 .5 .0 4 4 2 4 .6502 .8 3 3 0 1 8 .0 0 4 1 3 5 .2 - 2 6 . 6 -  .0 6 3 8 1 .4 2 9 0

1 . 0 .02422 .5225 .6 4 1 0 1 8 .0 4 4 7 1 .9 - 2 6 . 6 -  .0 3 3 9 1 .1 3 9 2

0 . 0 .1 2 6 7 0 1 .0 6 3 0 .9 2 7 0 1 7 .9 0 1 3 9 6 .0 - 2 6 . 4 -  .1856 1 .8 1 4 0

9 1 .5 .0 6 8 3 2 0 .7 9 2 0 .8330 1 7 .9 6 5 211.0 - 2 6 . 4 -  .0989 1 .5 3 5 7

1.0 .03738 .6 3 4 5 .6 4 1 0 1 8 .0 2 8 1 1 3 .1 - 2 6 . 4 -  .0 5 3 0 1 .2 3 2 1

0 . 0 .19143 .9270 1 7 .8 3 0 6 0 2 .2 - 2 6 . 2 -  .2801

11 0 .5 .10397 .9 4 2 0 .8 3 3 0 1 7 .9 2 1 3 2 3 .7 - 2 6 . 2 -  .1 5 0 5 1 .6 3 4 1

1.0 .05295 .7 3 2 5 .6410 1 8 .0 1 2 1 6 1 .9 - 2 6 . 2 -  .0753 1 .3 0 7 8



584 G. E. B o y d , S. L i n d e n b a u m  a n d  G. E. M y e r s Vol. 65

Fig. 4.—Variations of partial molal volume differences of 
resin halides with weight normality.

F ig . 5.— Sum m ary of calculations and comparison with 
experiment for the bromide-chloride ion exchange at 
£Br- =  0.5. (Exchange capacity indicated adjacent to 
point for each preparation. Arrows show correction of 
selectivity coefficient value to that expected if capacity 
were 3.95 meq./g. Cl-form. D ata plotted as filled circles 
are taken from ref. 25).

activity coefficient ratio, log (yi/y2)r, according to 
eq. 5 require that eq. 8 be differentiated to find 
(5xw/d.T2)aw; then the variation of this coefficient 
must be integrated over a range of log aw. This 
integration was performed analytically when a 
suitable empirical equation relating (d.rw/5x2)aw 
and log Ow could be found by least squares methods; 
alternatively, the integral In was evaluated 
numerically or graphically when the empirical 
equations found by least squares could not be 
integrated analytically in terms of closed functions. 
Values of the integral were computed as a function 
of log aw, the upper limit, and these were plotted 
to give a smooth (0.05551/ r , —logaw) curve for x2 =  
0.0, 0.5 and 1.0, respectively. The values of 
0.05551 In listed in column four of Tables IV, 
V and VI were found by graphical interpolation 
from the —log aw values estimated by eq. 9 for each

(23) H. S. Harned and B. B. Owen, “ The Physical Chemistry of
Electrolyte Solutions,”  Reinhold Publ. Corp., New York. N. Y., 1959,
3rd Ed., p. 361.

Nm. The errors in the calculated I r  by the pro­
cedure outlined arise from the errors in b and c 
of eq. 8 and in a, (3 and y  of eq. 9.

Discussion
The Bromide-Chloride Ion-Exchange Equi­

librium.—The computation of log Dci-Br” as a 
function (a) of equivalent fraction of bromide 
ion in the exchanger for constant Nm and (b) of 
Nm for constant a'Br-  is summarized in Table IV. 
Values of 0.05551/ r were computed for xbt- 
=  0 by integrating the equation

(Dxw/dxshw =  1/(4 .80 1 +  324.9y -  742.0?/2) (10a) 

for ZBr- =  0.5 by integrating the equation
(dXw/£>X2)aw =  1/(2 .292 +  533.9y -  1680.1?/2) (10b)

and for XBr- =  1.0 by numerical integration of the 
least squares equation

( c W 5 x 2)a„ =  1/ ( 1 .4 6 1  +  629.5?/1 -044) (10c)

where y =s —log Ow. The value of —2 log (7Naci/ 
YNaBr)w for p = 0.10 was 0.0026 and independent of 
the composition of the mixed electrolyte (eq. 6).

The relatively large contribution of (log y*ci-/ 
7 * B r -)r  and the relatively small contributions from 
P(vci- — vbt~) and log (YNaCi/7NaBr)w2 terms to 
log I>ci-Br- may be noted. The calculated selectivity 
coefficients are seen (Table IV) to increase with 
Nm and, hence, the exchanger cross-linking for 
constant ZBr- and to remain constant within the 
errors involved or to decrease with increasing ZBr- 
when Nm is held constant.

A comparison of the experimentally measured 
(Fig. 1) and the calculated values for log Dci-Br" 
at XBr- =  0.5 is afforded by Fig. 5. Agreement 
to within ±  2% is indicated to V m =  7. The dis­
agreement for the more highly crosslinked ex­
changers is considerably larger than the errors in 
either the selectivity coefficient measurements or 
in the calculations. It seems unlikely, since the 
experiments were performed with neutral aqueous 
electrolyte solutions, that the presence of a small 
number of weakly basic anion-exchange groups in 
the cross-linked preparations was the cause of the 
discrepancy. The fact that the more highly cross- 
linked exchangers possessed appreciably lower 
exchange capacities than the more weakly cross- 
linked preparations, especially than the nominal 
0.5% DVB reference exchanger, is believed signifi­
cant. The thermodynamic treatment assumes 
implicitly that the equivalent weight of the ex­
changer remains constant; yet between prepara­
tions K and A a twofold increase occurred 
(Table I).

Recent measurements of bromide-chloride ion- 
exchange selectivity coefficients for variable capac­
ity Dowex-1 preparations have shown that Dci-Br~ 
increased as the capacity diminished.24 If the 
reported capacity dependence of DCr Br~ is employed 
to correct the values plotted in Fig. 5 to a constant 
equivalent weight of 253, a satisfactory agreement 
between the calculated and observed log Z)ci-Br~ 
is obtained for the entire range of N m.

It is important to note in Fig. 5 that the agree­
ment between the log Dci~Br~ for two independent

(24) S. Lindenbaum, C. F. Jumper and G. E. Boyd, J. Phys. Chem.,
63, 1924 (1959).
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series of cross-linked exchangers25 is quite satis­
factory when the values are plotted against Nm, 
but that a correlation cannot be made with the 
cross-linking as indicated by the nominal per cent. 
DVB in the preparations. Values of Z)ci-Br~ have 
been published for only a few commercial type 
strong-base anion exchangers26-28; unfortunately, 
these cannot be plotted in Fig. 5 because the 
xw values for the preparations have not been 
given.

The dependence of log D c i  B t~ on ZBr-for a given 
exchanger may be obtained from log Dci-Br~, Nm 
curves for xbt- =  0.0, 0.5 and 1.0 using the meas­
ured weight swellings of the exchanger, and 
satisfactory agreement with the data in Fig. 1 
may be demonstrated.

The Iodide-Bromide Ion-exchange Equi­
librium.—The computations of the dependence of 
log Dbi--1" on ionic composition and exchanger 
cross-linking are summarized in Table V. Values 
for 0.05551/ r were computed for xi- =  0.0 by 
integrating the equation

(0x„/c)x2)aw =  1/(2.120 +  378.3y  -  1846y2) (11a) 
for xi- =  0.5 by integrating the equation

(dzw/cteda, =  1/(2.317 +  475.2y  -  1004y2) (lib)
and for x\- =  1.0 by graphical integration of the 
equation

(dZw/daDaw =  1/(0.173 +  3600y1-»97) (11c)
The value of —2 log (yNaBr/TNai)w for p =  0.1 
was 0.0030 and independent of the composition 
of the mixed electrolyte (eq. 6).

It may be observed in Table V that the domi­
nant contribution to the selectivity coefficient 
again comes from the activity coefficient ratio term 
for the exchanger, log (7Br-/yi-)r- A comparison 
of the experimental selectivity coefficient values 
taken from Fig. 2 for xi- =  0.5 with those cal­
culated is given in Fig. 6, where a fair agreement 
appears to hold for exchanger weight normalities 
up to 10. Initially, log Dbi--1 increases rapidly 
with Nm and then more slowly and nearly linearly. 
The disagreement between the observed and cal­
culated values for Nm >  10 is assumed to arise 
from the same cause as in the bromide-chloride 
anion-exchange equilibrium (viz., to a “ capacity” 
effect).

The Bromide-Fluoride Ion-exchange Equi­
librium.—The calculations of log Dr-Br’  for this 
system are summarized in Table VI. Values of 
0.05551/ r were computed for ZBr- =  0.0 by in­
tegrating the equation

(diw/cte).,» =  1/(1.696 +  140.7y  -  365.ly2) (12a) 
for ZBr- =  0.5 by numerically integrating

(dx„/dx2)a„ =  1/(0.769 +  77.72y°.™) (12b)

and for xbv- =  1.0 by integrating
(dzw/cteh. =  1/(0.985 +  180.4y -  40.50y 2) (12c) 

The value of —2 log (7NaF/yNaBr)w for p =  0.10
(25) Data for Series 1 from B. Soldano and D. Chesnut, J. Am. 

Chem. Soc., 77, 1334 (1955), cf. Table 1.
(26) R. Kunin and F. X . McCarthy, Ind. Eng. Chem., 41, 12 

(1949).
(27) R . M. Wheaton and W. C. Bauman, ibid., 43, 1088 (1951).
(28) H. P. Gregor, J. Belle and R. A . Marcus, J. Am. Chem. Soc., 77, 

2713 (1955),

Fig. 6.—Summary of calculations and comparison with 
experiment for the iodide-bromide ion exchange at xi- = 
0.5, (Values plotted with filled circles taken from ref. 25.)

Fig . 7.— Summary of calculations and comparison with 
experiment for the bromide-fluoride ion exchange at x Br- =  
0.0, 0.5 and 1.0. The log D fS  values for the lowest 
Nm were obtained with preparation L  in equilibrium with 
0.01 N  mixed aqueous N aC l +  N a B r solution. These 
data do not appear in Fig . 3.

was 0.0096 and independent of the composition 
of the mixed electrolyte (eq. 6).

Large selectivity coefficients and a strong de­
pendence of on ionic composition were char­
acteristic of this system (Fig. 3). The magnitude 
of the pressure-volume term, particularly for xbt- 
=  0.0, was large in comparison with the bromide- 
chloride and iodide-bromide ion exchanges; rela­
tive to the log (7F -/7Br-)r term, however, it was 
unimportant. A comparison of the experimental 
with calculated selectivity coefficients for three 
values of the bromide ion equivalent fraction is 
afforded by Fig. 7. Excepting for preparation 
D (Table I), the agreement appears reasonably 
satisfactory in view of the experimental difficulties 
encountered.

A strong dependence of log Df-®1"  on Nm is indi­
cated for ,-CBr- =  0.0 while, for rrBr- =  1.0 a much 
smaller variation is calculated. This behavior
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gives rise to the observed (Fig. 3) strong depend­
ence of the selectivity coefficient on the equiva­
lent fraction of the bromide ion, particularly with 
the most highly cross-linked exchangers.

General Conclusions.—-In the first place it is 
believed that the applicability of the Gibbs- 
Donnan equation (eq. 2) has been demonstrated by 
the concordance of the calculated and observed 
selectivity coefficient values reported in this paper. 
Thus, in Fig. 5 agreement of observation with 
theory was obtained when corrections were made to 
a uniform equivalent weight, and it seems reason­
able to suppose the same would be true for Fig. 6 
if the capacity dependence of D bt- 1 were known. 
Further, as may be shown from Tables IV, V and 
VI, the observed variation of the selectivity co­
efficients with the ionic composition of the ex­
changer (Figs. 1, 2 and 3) was obtained from the 
calculations. It becomes possible, therefore, to 
conclude that the nature of the cross-linking in an 
exchanger is not important so long as the equiva­
lent weight remains practically constant.

The treatment given above has suggested also 
that the logarithm of the selectivity coefficient 
should be a smoothly increasing function of the 
resinate weight normality for constant exchanger 
“ loading,”  and this has been verified. Accordingly, 
log Di2, Nm curves, which of course are empirical, 
may be used to predict selectivity coefficients for 
any changes which alter the weight swelling (viz., 
cross-linking, ionic composition or external ionic 
strength within limits). In addition, these curves 
afford a basis hitherto lacking for comparing 
selectivity coefficient measurements by different 
investigators and, hence, are useful in reducing 
errors. The utility of the concept of exchanger 
weight normality as a means for the correlation 
of equilibrium selectivity coefficient data serves 
to direct attention to the general importance of 
weight swelling measurements on cross-linked ion 
exchangers. Convenient and reliable, experimental 
methods for the estimation of equivalent water 
contents of exchangers in equilibrium with aqueous 
electrolyte mixtures are needed, and xw values 
should be reported in experimental papers.

For the ion-exchange systems measured in this 
investigation the largest contribution to the 
selectivity coefficient value came from the term 
in eq. 2 which reflects the ionic interactions within 
the ion exchanger (i.e., log (71/ 72)1:) • The pres­
sure-volume term was relatively much smaller. 
In fact, since Av was negative in sign, swelling of 
the ion exchange polymer acted so as to reduce 
slightly the selectivity coefficient. A significant 
limitation of the calculation presented in this 
paper was the large value of the term log (71* /72*)r 
and, hence, its contribution to log (71/ 72)1- This 
unexpected result was a consequence of the ex­
ceptionally high selectivity coefficients shown by

very weakly cross-linked (e.g., nominal 0.5% DVB) 
anion exchangers which served as reference points. 
Evidently, isopiestic vapor pressure experiments 
might better have been done on dilute solutions 
of linear polyelectrolyte of identical equivalent 
weight so that the integral, 0.05551/ r , would have 
been a larger fraction of log (71/ 72)1, eq. (5).

The large selectivity coefficients found with the 
most weakly cross-linked exchanger available 
suggests, however, that with anion exchangers 
based on structurally-bound benzyldimethyleth- 
anolammonium groups that ion binding must, 
in contrast with analogously linked cation ex­
changers, be quite strong. Support for this view 
appears in several types of data published on the 
behavior of several strong electrolyte halide salt 
solutions. Thus, measurements on the activity 
coefficient ratio for bromide and chloride ions in 
mixed aqueous KC1 +  KBr solutions29 give for Arm 
=  4.5, xbt- =  0.5, log (yKCi/YKBr) =  —0.0162. 
This value is much smaller than the value log 
(7R4NC1/7R<NBr) =  0.161, interpolated from Fig. 5, 
and this difference suggests that a considerably 
more specific interaction occurs with bromide and 
chloride ion and the quaternary ammonium ions 
of Dowex-2 than with potassium ion. Further, 
although activity coefficient measurements on 
aqueous tetramethylammonium iodide and tetra- 
ethylammonium iodide solutions have been per­
formed only over a relatively narrow concentration 
range,30 these are much smaller than the activity 
coefficients of the alkali metal iodides at compar­
able concentrations, again suggesting an increased 
ion association. Finally, measurements of the 
freezing point lowering conducted on dilute solu­
tions of a series of tetra-n-alkyl-ammonium chlo­
rides and iodides31 may be cited where strong, 
specific interactions were evident.

The Gibbs-Donnan equation for the selectivity 
coefficients observed in ion-exchange equilibria 
promises to be of general usefulness in the future. 
From eq. 2 it is observed that if three terms are 
measured the fourth may be computed; thus, 
this equation affords a means for estimating log 
(Y i/72)r from selectivity coefficient measurements 
to which minor corrections for the pressure- 
volume and external aqueous electrolyte activity 
coefficient ratio have been made. Conversely, 
when log (71/ 72)1 is known, either the pressure- 
volume or the aqueous activity coefficient ratio may 
be estimated. In the next paper, we shall demon­
strate that eq. 2 also may be employed to estimate 
the effect of the ionic strength, ¡j., of the external 
electrolyte mixture on log Z)i2 through the influence 
of fi on the weight swelling of the exchanger.

(29) W . H . M cC oy and W . E, Wallace, J. Am. Chem. Soc., 78, 1830 
(1956).

(30) B . E . Conway, “ Electrochemical D ata,”  Elsevier Publishing 
Co., Amsterdam, 1952, pp. 89 -90 .

(31) J. Lange, Z. physik Chem., 168A, 147 (1934).



580

METHANE-OXYGEN FLAME STRUCTURE. III. CHARACTERISTIC 
PROFILES AND MATTER AND ENERGY CONSERVATION IN A ONE-

TWENTIETH ATMOSPHERE FLAME1
B y  R. M. Fristrom, C. Grunfelder and S. F a v i n

Applied Physics Laboratory, The Johns Hopkins University, Silver Spring, Maryland
Received July 21, 1960

April, 1961 T he M ethane-Oxygen Flame Structure

A  set of characteristic profiles is presented for an oxygen-diluted m ethane flame (premixed, flat and lam inar) giving local 
tem perature, aerodynamics and composition as functions of distance through the flame front. T he description provided  
b y  these profiles is com plete w ith the exception of the concentrations of the radical and atom ic species which could not be 
determined b y  the techniques used. Their concentrations were assumed to be quantitatively negligible. T h e  validity  
of a one-dimensional description for this flame was tested experimentally b y  checking the invariance of the m easured pro­
files w ith radial distance in the burner, and b y  analyzing the deduced fluxes for m aterial and energy conservation at a num ­
ber of stations through the flame front. Agreem ent was considered satisfactory for quantitative study . T o  a reasonable  
approxim ation, the flame can be separated into three spatially distinct regions: a transport region, a m ethane reaction region 
and a carbon m onoxide reaction region. The standard Lewis num ber assumption ( pCpD/\ =  1) used in m any flam e theories 
was tested w ith respect to  the reactions of C H 4 and C O  in this flame and found to provide a satisfactory first approxim ation.

Introduction
This paper is the third in a series of studies of 

physical processes and chemical kinetics in premixed, 
laminar methane-oxygen flame fronts. In the 
first two papers2 (referred to hereafter as I and II) 
data were presented for a tenth atmosphere meth­
ane flame with excess oxygen (CH4, 0.078; 0 2, 
0.919) together with a detailed analysis of the flux 
of matter and energy. The present paper, III, 
contains data and a similar analysis for a flame of 
the same composition but at one-twentieth atmos­
phere pressure. Comparisons between these two 
sets of data should allow conclusions to be drawn 
as to the reliability of the techniques and give an 
indication of the order of the dominant reactions in 
the flame. In the following paper,3 IV, a discus­
sion is given of chemical kinetics in these flames.

Experimental
T h e system  under study was a flat flame supported on a 

circular screen burner.4 T h e  principal change from  the one- 
tenth  atmosphere system 2“ was the use of a larger burner 
and housing scaled to  accom m odate equal m ass flows for 
the tw o flam es. (T h e  burner diameter was scaled up a 
factorof V 2 f r o m 3 .1 5 t o 4 .4 4 c m .)  Local aerodynamics were 
measured using the particle-track technique .2“ '5 6 Local 
tem perature was determined using silica-coated P t -P t , 1 0 %  
R h  therm ocouples.2“'s T h e  tota l diameter of thermocouple  
bead and coating was 0 .0 0 4  cm . Local com position was 
measured using microprobe sampling techniques .2“ '7 8̂ 9 A  
quartz probe w ith  an orifice diam eter of 0 .003  cm . and a low  
pressure flow system  were used for sam pling. Flam e gases 
were analyzed w ith a m ass spectrometer (Consolidated Elec­
trodynam ics Corporation # 2 1 -6 2 0 ) . T he gases used were 
of high purity and analyzed b y  us prior to  use (see T able I ) .

(1) W ork supported by the Bureau of Naval Weapons.
(2) (a) R . M . Fristrom, C. Grunfelder and S. Favin, J. Phys. Chem., 

64, 1386 (1960); (b) A . A . Westenberg and R. M . Fristrom, ibid., 64, 
1393 (1960).

(3) A . A . Westenberg and R . M . Fristrom, ibid., 65, 591 (1961).
(4) R . M . Fristrom and S. D . R&ezer, Applied Physics Laboratory, 

The Johns Hopkins University Report C M -912 (1956).
(5) R . M , Fristrom, R. Prescott, W . H . Avery and J. M attuck, 

J . Chem. Phys., 22, 106 (1954).
(6) R. Friedman, “ Fourth Symposium on Combustion,” The 

Williams & Wilkins Co., Baltimore, M d., 1953, p. 259.
(7) R . Prescott, S. Foner, R . Hudson and W . H . Avery, J. Chem. 

Phys., 22, 145 (1954).
(8) R . M . Fristrom, R. Prescott, W . H. Avery and C. Grunfelder, 

Combustion and Flame, 1, 102 (1957).
(9) R. M . Fristrom, W . H . Avery and C. Grunfelder, “ Seventh Sym­

posium on Combustion,” Butterworths, London, 1959, p. 3Q4,

T a b l e  I

I n i t i a l  a n d  F i n a l  St a t e s  o f  t h e  F l a m e  G a s e s

Initial
Final

(calcd.)
Final

(expt.)
T (°K .) 400 1990 1980
Ve“ (cm./sec.) 9 3 .0 32 3 .0 3 12 .0
A cH 4 0.0785 0 0
a 02 0 .9 19 0 .756 0 .763
X Ar .00018 .00018 .00018
A n 2 .00060 .00060 .00060
X h 2 0 .00023 .0008
A oCH2 0 0 0
Xco 0 0.00056 0.00305
A c 0 2 0.00147 .0792 .0788
A h 20 0.00038 .15 3 .15 4
X h 0 .00011
A o h 0 .00626
A o 0 .00285
A no 0 .00042
°  E valuated a t the screen surface where the tem peratine  

is 400  ° K .

Results
The results are presented in the form of profiles 

giving the intensive properties as a function of dis­
tance through the flame front (Figs. 1, 2). The

F ig. 1.— Tem perature, velocity and area ratio profiles.

description given by these profiles which specify 
temperature, velocity and composition is complete 
except for the neglect of atom and free radical 
species concentrations which are presumed to be 
small. The validity of using a one-dimensional
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TEMPERATURE (“K.)

TEMPERATURE (°I0.
500  750 1250 1750 1850 1900 1950

TEMPERATURE (°K).
500 700 1250 1750 1850 1900 1950

TEMPERATURE (°K).
500 750 1250 1750 1850 1900 1950

description for this flame was checked experi­
mentally by measuring profiles both on and off the 
axis. As in previous studies of flames of this

TEMPERATURE CK).

F ig. 2 .— Com position and fliix profiles. M ass fraction  
fi and fractional m ass flux G\ vs. distance z (cm .), and  
tem perature ( °K .)  : A , m ethane, C H 4; points are given for 
tw o successive runs to  show reproducibility; B , oxygen, 0 2; 
C , hydrogen, H 2; D , form aldehyde, H 2C O ; E , carbon m on­
oxide, C O ; F , carbon dioxide, C 0 2; G , water, H 20 .

type,2a'5’8’9 there was no significant variation in pro­
files in the central region (± 2  cm. from the axis) and 
a one- dimensional model was considered satisfactory 
for quantitative work.

Duplicate runs were found to be in substantial 
agreement (for example see Fig. 2A). The results 
of the most complete set of runs are presented, to­
gether with the analysis of the individual species
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fluxes.2*5'10 Using eq. 1, these fluxes were calculated 
from the composition curves and measured tem­
peratures using the diffusion coefficient data of 
Walker and Westenberg.11

Gi =  f;(v  +  Vi)/v; Vi =  — (Di/XiXdXi/dz) ( 1 +

To provide an estimate of the reliability of the data 
and the applicability of the one-dimensional model, 
the fluxes were also analyzed for conservation of the 
atomic fluxes. The flux of each atomic species as 
determined using eq. 2 should have been individ­
ually conserved at every point in the flame, pro­
vided the data were satisfactory and the interpreta­
tion valid.

Y  riiGi/Mi =  constant ( 2 )
i

T a b l e  I I

D e f i n i t i o n  o f  S y m b o l s  

A  Stream  tube area ratio
Cp H eat capacity at constant pressure ( c a l . / ° K . /g . )
Di B inary diffusion coefficient of species i with oxygen  

(c m .2/se c .)
f Subscript indicating final conditions
F Fractional molar flux
/ i  M ass fraction of species i
Gi Fraction of total m ass flow rate due to  species i
Hi M olar enthalpy of species i (ca l./m o le )

H  Specific enthalpy of m ixture (c a l./g .)
Mi M olecular weight of species i
n\ N o . of atom s of an elem ent in a molecule of species i 
Ni Concn. of species i (m o le s /c m .3)
o Subscript indicating initial conditions
T Tem perature ( ° K . )
v M ass average velocity (c m ./se c .)
Vi Diffusion velocity of species i (c m ./se c .)
X i M ole  fraction of species i 
z D istance (cm .)
d Fractional tem p, rise, ( T  — Ta)/{Ti — T0)
X T herm al conductivity ( c a l . /c m ./s e c . /° K .)  
p D ensity ( g . /c m .3)

The energy fluxes through the flame were cal­
culated from the data using eq. 3
poVoH — T X f d T /d i )  +  A Y , NiHiVi =  poVoHo = constant 

i
(3)

They were separated into contributions from con­
vection, conduction and diffusion. Conservation 
of energy dictates that the sum of these three con­
tributions should be constant and equal to the ini­
tial enthalpy flux of the flame gases.

Discussion of Results
The precision of these data was somewhat better 

than that obtained in the one-tenth atmosphere 
study.2a This was expected to be the case since 
the one-twentieth atmosphere flame was twice as 
thick as the one-tenth atmosphere flame and better 
spatial resolution and derivatives should have been 
obtained. An exception to this was the particle- 
track measurements. Here, difficulty was exper-

(10) R. M. Fristrom and A. A. Westenberg, Combustion and Flame, 
1, 217 (1957).

(11) R. E. Walker and A. A. Westenberg, J. Chem. Phys., 32, 436 
(1960).

(12) See Table IT for definition of symbols.

ienced in the region of acceleration and errors from 
lag were appreciably higher than in the one-tenth 
atmosphere study. Satisfactory area profiles and 
final velocity measurements were obtained however, 
and since these were the only aerodynamic pa­
rameters used in the analysis,13 the problem was not 
pursued. The difficulty may have been associated 
with using particles small compared with the mean 
free path with the resulting reduction in drag coeffi­
cient.

Analysis of the flux of the individual atomic 
species (C, H, 0 ) indicated satisfactory conserva­
tion of matter for each of these fluxes individually. 
This must be the case in flames since no nuclear 
reactions are involved. For the flux of hydrogen, 
the average deviation was 2.5% and the maximum 
deviation —7% while for carbon the average devia­
tion was 2.2% and the maximum deviation was 
+  10%. The results for oxygen were an order of 
magnitude better but this was not considered sig­
nificant because of the large excess of oxygen and the 
small change in its concentration. These conser­
vation considerations provide a reasonable test of 
the data since they involve not only all of the 
thermal, aerodynamic and composition data, but 
also the first spatial derivative of the composition 
data and the various diffusion coefficients.

Analysis of the flux of energy in this flame was 
less satisfactory but still within the limits of ex­
perimental error dictated by our lack of knowledge 
of the concentrations of the very energetic free 
radical species and the thermal conductivities of 
the high temperature gas mixtures. The energy 
flux curves were essentially the same as found with 
the one-tenth atmosphere flame2*5 provided the dis­
tance is scaled according to inverse pressure. The 
dominant fluxes are due to thermal conduction and 
molecular diffusion; over much of the flame they 
are large compared with the initial enthalpy flux.

The energy fluxes due to thermal conduction and 
molecular diffusion are of opposite signs and magni­
tude throughout most of this flame. This approxi­
mate balance suggests that this flame might be 
represented by a model in which the effective Lewis 
number pCpD/\ is unity. In such a flame the ther­
mal and concentration fields are similar and the 
number of differential equations considered for the 
flames can be reduced.14 As Hirschfelder pointed 
out,16 this can only be the case if the Lewis numbers 
of all of the species are separately equal to unity 
but, as mentioned by Klein,16 a good first approxi­
mation should be provided if a fuel can be defined 
whose disappearance is directly connected with the 
heat release and whose effective Lewis number is 
unity. Under these conditions, there should be a 
linear relationship between fuel disappearance and 
temperature rise. In this flame, methane and car­
bon monoxide can be considered as fuels in their 
respective spatial regions. Despite the fact that

(13) For the analysis, the velocities of Fig. 1 were deduced from the 
temperature and composition data using the equation: v =  (potoRT)/
(A P M ) which is derived from the continuity equation and ideal gas 
law.

(14) J. O. Hirschfelder, C. F. Curtiss and R. B. Bird, “ Molecular 
Theory of Gases and Liquids,”  John W iley and Sons, Inc., New York, 
N . Y ., 1954.

(15) J. O. Hirschfelder, Phys. Fluids, 3, 109 (1960),
(16) G. Klein, Phil. Trans. Roy. Soc., A249, 389 (1957).
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FG02 vs. distance.

their Lewis numbers are not always close to unity, 
(^Le(CH4) =  1-1.25; iVLe(CC0 = 1-1.1), the 
unity Lewis number approximation appears to be a 
reasonable one, as was the case for the one-tenth 
atmosphere flame.2b

It is interesting to note that this flame can be 
conveniently divided into three spatially distinct 
regions (Fig. 3). In the first region, no reactions 
occur despite major changes in concentration and 
temperature due to the transport processes of ther­
mal conduction and molecular diffusion. In the 
second region, the methane is attacked and con­
verted to water and carbon monoxide. In the third 
region, the carbon monoxide reacts. This division 
is not, of course, absolute, but it is sufficiently sharp 
to provide a convenient description of the flame. 
This behavior is similar to that of the one-tenth 
atmosphere flame.2'5 If the division is determined 
by taking the point at which the methane flux was 
equal to the carbon dioxide flux, the assigned tem­
perature in this flame was within 25°K. of that 
found for the one-tenth atmosphere flame. Spatial 
separation occurs because of the difference between 
the relative rates of reaction of methane and carbon 
monoxide and is characteristic of many hydrocarbon 
flames. These questions are discussed in detail in 
the following paper.3

The principal limitation of these data is our

present inability to measure the concentrations of 
atomic and radical species. These concentrations 
are of the, order of a few tenths of a per cent, or less 
in the equilibrium burned gases (see Table I) and 
probably of the order of 1% in the reaction zone. 
Thus the contribution of recombined radicals to the 
major stable species which are measured will be 
minor although probably not negligible. It might 
be possible to assign certain peculiarities in the flux 
curves such as the initial negative flux of water to 
this source of error. In the case of the trace species 
the problem is more serious since their concentra­
tions are of the same order as that expected for 
radical species. For example, it would be possible 
to interpret the observed hydrogen as due in part to 
recombined hydrogen atoms and the formaldehyde 
to methyl radical. In the absence of other informa­
tion, we prefer to take the observed species curves 
at face value, but the alternative interpretation 
cannot be excluded at present. Beyond the ef­
fects of the data, the lack of radical concentration 
information is unfortunate because most of the 
reactions which we believe to be important in this 
flame3 involve radical or atomic species. The 
effect of uncertainty in radical concentrations on 
the energy fluxes is also serious since they are high 
energy species, and the observed deviations from 
energy conservation probably are due to this source.

Since it is not safe to apply the steady-state ap­
proximation in flame systems,17 the problem is an 
experimental one. Techniques for making such 
measurements directly are under development18“ 20 
and it is hoped that this information eventually will 
be available for this system thus allowing a com­
plete analysis to be made.
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(17) E. S. Campbell, J. 0 . Hirsehfelder and L. M. Schalit, “ Seventh 
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METHANE-OXYGEN FLAME STRUCTURE. IV. 
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Experim ental data on tem perature, com position and aerodynam ic profiles in the reaction zone of oxygen-diluted m ethane  
flames (prem ixed, flat and lam inar) at pressures of 1 / 1 0  and 1 / 2 0  atm . which have been given in previous papers of this series 
are discussed in term s of the chemical kinetics of the flame reactions. I t  is shown th a t the profiles of net reaction rates 
for the stable species as determ ined from  the data are internally consistent, and that the data a t the tw o pressures indicate 
the predom inance of bim olecular processes. T h e  results of an exhaustive study of the possible elem entary reactions which 
m ight occur are given, and a reaction m echanism  proposed which accounts m ost sim ply for the observations. I t  is shown 
conclusively th a t the prim ary m echanism  of C H 4 disappearance cannot be b y  direct O 2 attack (as in low  tem perature studies), 
but m ust be m ainly b y  reaction w ith O H  (and possibly O ). T he appearance of C 0 2 is attributed solely to  the C O  +  O H  —*■ 
C O 2 +  H  reaction, and b y  com bining the present data w ith those of other workers a reasonable value for the rate constant is 
obtained. I t  is then possible to com pute a profile of O H  radical concentration, which exhibits a m oderate non-equilibrium  
m axim um  in the fast reaction zone. T he O H  profile also enables a reasonable estim ate of the rate constant for the reaction 
C H 4 +  O H  -*■ CH s +  H 20  to  be m ade. F inally, the question of over-all kinetics for the C O  reaction is discussed. I t  is 
shown that, if the assum ption is m ade that the O H  concentration near the hot boundary is determ ined b y  its equilibrium  
w ith O2, H 2O and O , an over-all expression for the appearance rate of C 0 2 can be written which leads to  significant agreem ent 
between the present work and that of several other authors.

Introduction
Previous papers1-8 (referred to as I, II and III) 

in this series have reported various aspects of the 
study of laminar flame structure in a premixed 
methane-oxygen system. Paper I described the 
experimental techniques used, and presented a set 
of data on profiles of temperature, composition and 
aerodynamics measured in a flat flame at one-tenth 
atm. pressure and of initial composition (mole 
fractions) X ch4 =  0.078, Xo, =  0.914. Paper II 
covered the application of molecular transport 
properties to these data and examined them in 
terms of conservation of matter and energy. Paper 
III contained the data and similar analysis for a 
flame of the same mixture burning at a pressure of 
one-twentieth atm. In the present paper, the 
structure data for both flames are considered from 
the point of view of chemical kinetics.

Determination of Net Reaction Rates.—The 
original experimental data consisted of a set of pro­
files of temperature T, mass average gas velocity v, 
and mole fraction X ¡ of all the chemical species 
(excluding free radicals and atoms) as functions of 
the distance z through the flame zone. After ap­
propriate correction for molecular diffusion (i.e., 
determining profiles of diffusion velocity F¡ for each 
species) the flux variables Gi defined by

G-, =  f i v  +  V0/v (1 )

were computed2 (/¡ is mass fraction of species i). 
Gi represents the fraction of the total mass flux 
at any point in the flame due to species i. It may 
then be shown4 that the equation of continuity for 
species i can be written in terms of Gi as

K i =  (pv/MiXdGi/dz) (2 )

where p is density, M t is molecular weight, and Ki 
is the net rate of appearance (positive) or disap­
pearance (negative) of i per unit volume per unit

(1) R. M. Fristrom. C. Grunfelder and S. Favin, J. Phys. Chem., 64, 
1386 (1960).

(2) A. A. Westenberg and R. M. Fristrom, ibid., 64, 1393 (1960).
(3) R. M. Fristrom, C. Grunfelder and S. Favin, ibid., 65, 587

(1961).
(4) J. O. Hirschfelder, C. F. Curtiss and R. B. Bird, “ The Molecular 

Theory of Gases and Liquids,”  John Wiley and Sons, New York, 
N. Y., 1954, p. 748.

time due to chemical reaction. In the usual c.g.s. 
units, Ki has dimensions of moles cm.-3 sec.-1. 
A profile of this rate variable was computed for each 
species by numerically differentiating the Gi curve 
and using the appropriate profiles of p and v. 
(The product pv is not constant in a real flat flame 
because of lateral expansion of stream-tubes.2) 
These rate profiles for both the 1/10 and 1/20 atm. 
flames are given in Figs. 1 and 2.

These K, profiles are interesting in a qualitative 
sense. It will be noted that the flames can be 
divided conveniently into three zones. The first, 
extending from the screen (z =  0) to about z =  0.2 
cm. and z =  0.3 cm. in the two flames, respectively, 
is a region where all changes in composition and 
temperature are due simply to molecular transport 
processes. In neither flame is there any appreci­
able chemical reaction until a temperature of about 
1300°K. is reached. Then the second zone, in the 
approximate ranges z =  0.2-0.3 cm. and z =  0.3- 
0.6 cm. of Figs. 1 and 2, is the region where the fast 
reactions occur. The CH4 disappears with the 
formation of most of the H20  and H2. Finally, the 
third zone, where CO is converted slowly to C 02, 
extends out to the hot boundary.

It should be kept in mind that the determination 
of the Vi requires a differentiation of the experi­
mental composition profile, so that obtaining the 
rate variables Ki really involves a double dif­
ferentiation of the experimental data. This is an 
obvious source of error in a study of this kind. 
Since the gas velocity v and the diffusion velocity 
Vi generally are of about equal importance in deter­
mining Gj over most of the flame zone, the quan­
tity dGi/dz does not bring in a direct double dif­
ferentiation of the composition profiles. (At some 
points the V i  are greater than v, however.) Still, 
the process might be expected to reduce the preci­
sion of the composition profiles (estimated to be 
several per cent.) by a factor of four or so. This, 
of course, is a source of error resulting purely from 
data manipulation and has nothing to do with other 
experimental errors. The latter have been dis­
cussed.1

There are certain procedures which may be used
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TEMPERATURE (0K).

Fig. 1.— Net reaction rates of major species in CH4-O 2 
flame at 1/10 atm. pressure. K c o  and K c o i  actually extend 
to z — 0.85 cm. (ifmco too small to be shown.)

TEMPERATURE (°I0 .
1400 1600 1700 1800 1850 1900 1930

Fig. 2.— Net reaction rates of major species in CH4-O 2 
flame at 1 /20 atm. pressure. K c o  and K c o 2 actually extend 
to z =  1.7 cm. (XH2C0 too small to be shown.)

Fig. 3.— Comparison of K c o  with combined rate ( — K c m  — 
K co2 — K m c o )  in 1/10 atm. flame.

to check the rates derived in this way. These 
make use of the requirement that matter be con­
served in the flame reactions. This fact was in­
voked in paper II to check the composition profiles 
and the data analysis, and it is also useful in check­
ing the manipulations necessary to obtain K\. 
If i%i is the number of atoms of a particular element 
in a molecule of species i, conservation of matter 
requires that

K i  =  0 (3)
i

Applying this condition to carbon gives
Kco =  — K  ohi — Kcoi — K^tco (4)

if the contributions of carbon-containing free 
radicals are assumed to be negligible. Similarly, 
for hydrogen we have

K b  2o =  — 2 K c b< — K b i — K m c o  (5)

Since the diffusion velocity for 0 2—and hence the 
Go, and K o ,—was not determined independently, a 
rate balance for oxygen was not carried out. Fig­
ures 3 and 4 show the comparison of the quantities 
on either side of eq. 4 for both flames, while Figs. 
5 and 6 show similar comparisons according to eq. 5. 
In general, the two curves in each case are quali­
tatively similar, and in fairly good quantitative 
agreement—especially in the region beyond the fast 
reaction zone for the carbon case where the slow 
conversion of CO to C 02 is the only reaction of 
importance. These checks for the one-twentieth 
atm. flame are somewhat better than for the one- 
tenth atm. flame, as might be expected since the 
work is easier at lower pressure. Discrepancies un­
doubtedly are the result of neglect of radical con­
tributions as well as experimental errors.

Reaction Mechanism.— Before discussing details 
of the mechanism, some significant clues as to the 
nature of the flame kinetics may be obtained by 
comparing the structural data at the two pres­
sures. It can be shown theoretically6 that, if all 
the reactions involved in a flame are of order a, 
all distances should scale proportional to P _“/2, 
where I ‘ is pressure. Thus if most of the important 
reactions are second order, as seems likely, the 
distance coordinate should be proportional to P ~ l. 
In the present case, the two flames were studied at 
pressures differing by a factor of two, so that a 
given profile in the 1/10 atm. flame should be 
compared with its counterpart in the 1/20 atm. 
flame plotted with its distance coordinate halved. 
Such a comparison is shown in Fig. 7 for the two 
temperature profiles, and in Fig. 8 for the con­
centration profiles of one of the species, X h2o- 
The circled points are the direct experimental data 
for the 1/10 atm. flame and the triangles are the 
1/20 atm. data plotted against z/2. (The latter 
were translated downstream «  0.04 cm. after 
halving to show the congruence better.) The 
similarity of the curves in each case is striking, and 
this provides support for the postulate of the 
flame reactions being predominantly second order 
(he., bimolecular).

Additional proof of this point is provided by 
comparing the rate profiles at the two pressures. 
Consider the case of K ^o. If we assume that the 
net rate of water formation at any point is by way of 
bimolecular steps, we can write

A ao  =  (P / R T )* Y ,  H K i X t h  (6)
j

where hj is the rate constant of the Jth reaction 
involved in H20  formation (or destruction— nega­
tive ftj), and (X iXt)j denotes the mole fraction 
product of whatever species enter into the Jth

(5) See work cited in ref. 4, p. 765.
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Fig. 4.— Comparison of K co  with combined rate { — Kam — Accra — Kmco) in 1/20 atm. flame.

reaction. It is apparent from this equation that, 
in comparing flames at different pressures, if the 
temperature and mole fraction profiles are con­
gruent when plotted on the proper distance scales, 
then the rate profiles should be congruent keeping 
in mind that Ki P 2. Figure 9 shows K h2o treated 
in this way. Solid curves A and B are the rate 
profiles for the 1/10 and 1/20 atm. flames plotted 
against z and z/2 , respectively. The dashed curve 
C is curve B with its ordinate multiplied by four to 
account for the pressure effect on K hsO- The com­
parisons for other Ki profiles show similar con­
gruence when plotted on a P 2 basis.

The mechanism of reaction in the methane- 
oxygen system has been investigated many times 
by different techniques and under varying condi­
tions. Many of these results and speculations have 
been summarized by Lewis and von Elbe,6 Seme­
nov,7 and others. Most of this work was done at 
considerably lower temperatures than in the 
flames considered here, and under conditions where 
wall effects were likely to be of importance. Re­
cently, Fenimore and Jones8 have reported some 
results of structure studies of flames containing 
CEL and 0 2 (among others) which have points of 
similarity to the present work. We have pro­
ceeded, first, by examining anew all the likely 
elementary bimolecular reactions involving simple 
species which might occur in the flames under 
consideration. These have then been boiled down 
to the simplest set which seems to “ explain” most 
of the observations.

(6) B. Lewis and G. von Elbe, “ Combustion, Flames and Explo­
sions of Gases,”  Academic Press, New York, N. Y., 1951, Chap. IV.

(7) N. N. Semenov, “ Some Problems in Chemical Kinetics and Re­
activity,” Princeton University Press, Princeton, N. J., 1958, Vol. II, 
Chap. XII.

(8) C. P. Fenimore and G. W. Jones, J. Phys. Chem., 63, 1834 (1959).

Fig. 5.— Comparison of K m o  with combined rate ( — 2A ch4 
— K m  — Amco) in 1/10 atm. flame.

Methane Disappearance.—-
CEL, +  0 2 — >- CH3 +  H 02

This is a reaction commonly postulated in the low 
temperature oxidation of methane.7 However, in 
the present case it may be shown easily that such a 
direct oxygen attack cannot be of importance in the 
disappearance of methane. The above reaction is 
endothermic by about 55 kcal./mole. Using this 
as the minimum possible activation energy (a value 
which has been confirmed by shock tube experi­
ments9), and a maximum collision theory frequency

(9) G. B. Skinner and R. Ruehrwein, ibid., 63, 1736 (1959).
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Fig. 6 .— Com parison of Kmo  w ith com bined rate ( — 2 / Í o h » 
— Km  — Flh2Co) in 1 / 2 0  atm . flame.

factor of 1014 cm.3 mole-1 sec.-1, the disappear­
ance rate of CH4 would be

K ch, =  -  1 0 He-sm o/Rr [CH*] [ 0 2]

where [CH4] denotes the methane concentration 
in mole cm.-3, etc. The actual data from the 1/10 
atm. flame at the point where T =  1600°K., for 
example, give a value of A ch, ~ 10-8 when this 
equation is used, while the experimental value of 
Kcm  at this point is 2.7 X  10-4. Thus the maxi­
mum possible rate predicted on the basis of this 
reaction is too low by a factor of the order of 10-4 
compared to the experimental rate, so the direct 
reaction of CH4 and O2 cannot be important in this 
flame. Since the direct reaction would presum­
ably be one of the major sources of any H 02 in the 
flame, its elimination also provides a strong reason 
for not considering this radical in the flame mech­
anism.

C H 4 +  O H  — =► C H 3 +  H 20

This reaction is exothermic by 17.5 kcal./mole 
and has an estimated10 activation energy E ~
8.5. It is the likely main reaction in CH4 disap­
pearance under these flame conditions, as will be 
discussed more fully later.

C H 4 +  H  — C H 3 +  H 2

Energetically this step is feasible, since it is 
slightly exothermic and has E  ~ 6-13 depending 
on the steric factor assumption.11 It seems likely, 
however, that in view of the large excess of 0 2 pres­
ent the H concentration would be very low com­
pared to that of OH (the calculated mole fraction 
ratios X ou/Xk in the final burned gas are about 
70 and 60 for the 1/10 atm. and 1/20 atm. flames, 
respectively), so that this reaction can be neglected 
as far as CH4 disappearance is concerned. Further 
support for this neglect is the fact that very low H2 
concentrations were observed in these flames.

(10) L. I. Avramenko and R. V. Lorentso, Doklady Akad. Nauk 
USSR, 67, 867 (1949).

(11) E. W. R. Steacie, “ Atomic and Free Radical Reactions,”  
Vol. II, Reinhold Publ. Corp., New York, N. Y., 1954,

This was not the case in the propane-air flame pre­
vious studied.12

C H 4 +  O — >- C H 3 +  O H

There is less known about this reaction than the 
others. It is probable that the activation energy is 
low and similar to that of the foregoing reactions 
(Steacie11 quotes one estimate of E  ~  8). The O 
concentration at the hot boundary is approximately 
half that of OH for both flames, so it would appear 
that this reaction should be included.

Intermediate Formation.—The stable intermedi­
ates included here are CO, H2 and H2CO. The 
latter two are present at such low concentrations—  
nowhere greater than about 0.3 mole % —that it is 
hardly necessary to account for them quantita­
tively, and it is possible that they may partially 
represent radical recombination products. But it is 
of interest to see how they might enter into the 
general scheme of things.

A likely possibility is the step frequently in­
voked6'7 wherein a peroxide is formed

C H 3 +  0 2 — >  h 3c o o

with essentially zero activation energy and a fre­
quency factor of about 1011 cm.3 mole-1 sec.-1. 
This could then be followed by

H 3C O O  — >- H 2C O  +  O H

Semenov7 suggests that the second step actually 
involves isomerization (to H2COOH) and then de­
composition. Such an isomerization probably in­
volves a fairly large activation energy, but since it 
is a unimolecular process its over-all rate will al­
ways be much faster than a bimolecular process 
such as is involved in the peroxide formation. 
However, if the C -0 -0  bond angle is about 90°, 
as is normal for such compounds, the terminal O 
atom would lie close to an H atom and isomerization 
might be unnecessary. In any case, the above two 
steps can be combined into one effective reaction 

C H 3 +  0 2 — >  H 2C O  +  O H

with E  ~  0 and k ~ 10.11 The low value of k 
implies a steric factor of about 10-3, which is not 
unreasonable in this case. No other plausible 
mechanism of H2CO formation is apparent to us.

H 2C O  +  M  — H 2 +  C O  +  M

where M is any particle. This reaction is thermally 
neutral but seems improbable on steric grounds.

H 2C O  +  M  — >- H C O  +  H  +  M

This reaction is so endothermic (~  78 kcal./ 
mole) as to be dismissed easily from consideration.

H 2C O  +  O H  — >- H C O  +  H 20

This is frequently postulated in hydrocarbon and 
formaldehyde oxidation mechanisms and seems 
plausible. It is exothermic by 40 kcal./mole and 
undoubtedly has eery low activation energy. 
Since so little H2CO accumulates in the flame, this 
reaction must proceed fast enough to remove H2CO 
as soon as it is formed.

The HCO formed above may then react by way 
of

(12) R. M. Fristrom and A. A. Westenberg, Combustion and Flame,
1, 217 (1957).
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Fig. 7.— Plot showing congruence of the flame temperature profiles at two different pressures: O, data for 1 / 10
atm. flame; A , data for 1/20  atm. flame plotted against z/2.

H C O  +  O H  — >  C O  +  H 20 ,  or
H C O  +  M ------>  H  +  C O  +  M , or
H C O  +  0 2 — C 0 2 +  O H

The second of these reactions is fairly endothermic 
(26 kcal./mole) and must make only a minor 
contribution. The third is sterically improbable 
and does not allow for the production of CO in the 
flame. Presumably the first reaction accounts for 
the main rate of CO formation.

In the presence of 0  atoms, it seems plausible to 
consider

0  +  H 2C O  — >  C O  +  H 20

as a likely step in the removal of formaldehyde. 
However, since the 0  atoms presumably would be 
in their normal triplet state (3P) while the other 
three participants in the reaction would be in singlet 
states, this violation of the spin conservation rules13 
should rule the reaction out as being much too 
slow. It also seems rather unlikely on steric 
grounds.

Carbon Monoxide Disappearance.— Certainly the 
most likely (and most commonly postulated) step is 

C O  +  O H  — >- C 0 2 +  H

The two estimates of the rate constant which have 
been made are in fair agreement (Avramenko and 
Lorentso14: k «  3 X 1012 e~7000/IiT, Fenimore and

Jones16: k ~ 2 X 1013 e~10m/RT). The rate con­
stant for the reverse reaction consistent with these 
and the equilibrium constant is nearly comparable 
in the temperature range (1500-2000°) of interest, 
but in view of the probable low concentration of H 
atoms it is felt that, the reverse reaction is of minor 
importance. This point is amplified later.

M  fl- C O  -f- O — C 0 2 fl- M

For all species in ground electronic states, this 
reaction can be eliminated because it violates spin 
conservation. Also, it has been shown that the 
main reaction steps must be bimolecular.

C O  +  0 2 — CO,  +  O

This reaction is all right from the electron spin 
viewpoint, and also probably from the energetic 
viewpoint, since it is exothermic by 8 kcal./mole— 
although we are unaware of any estimates of actual 
activation energy. The main point is that if this 
reaction contributes appreciably it is hard to explain 
the pronounced catalytic effects of H20  or H2 (i.e.,  
OH) on the reaction or why dry C O -02 mixtures 
are stable up to moderately high temperatures, 
although at flame temperatures there may be some 
direct 0 2 attack. C O -02 mixtures which are really 
dry have exceedingly low burning velocities or 
cannot be ignited at all.16 It seems quite unlikely,

(13) K. J. Laidler, “ Chemical Kinetics,”  McGraw-Hill Book Co., 
New York, N. Y., 1950, p. 386.

(14) L. I. Avramenko and R. Y. Lorentso, Zhur. Fig. Khim., 24, 207 
(1950).

(15) C. P. Fenimore and G. W. Jones, J. Phys. Chem., 62, 1578 
(1958).

(16) R. A. Wires, L. A. Watermeier and R. A. Strehlow, ibid., 63, 
989 (1959).
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F ig. 8 .— Plot showing congruence of the H 20  concentra­
tion profiles a t  tw o different pressures: O , data for 1 / 1 0  
atm . flam e; A , data for 1 /2 0  atm . flame plotted against z /2 .

F ig. 9 .— Plot showing congruence of the A'h20 profiles a t  
tw o different pressures: A , data for 1 /1 0  atm . flam e; B , 
data for 1 /2 0  atm . flame plotted against z / 2 ; C , data for 
1 /2 0  atm . flam e plotted against z /2  and m ultiplied by 4.

therefore, that this reaction needs to be included.
Miscellaneous Reactions.— The reactions dis­

cussed in the foregoing sections include those which 
might account for the disappearance or appearance 
of the main stable species found in the flames with­

out bringing in three-body reactions or the many 
complex or unlikely intermediate species so often 
suggested in kinetic studies at lower temperatures. 
The radical H 02 has not been postulated because, 
as stated previously, its formation by direct re­
action of 0 2 with CH4 is definitely not quantita­
tively significant in this case, and because the only 
other feasible source of H 02, i.e., by three-body 
combination with II atom via H +  0 2 +  M  —*■ 
H 02 +  M, would be much too slow at these pres­
sures compared with the two-body process

H +  0 2 — > OH +  O

The latter reaction has been estimated by Feni- 
more and Jones17 to have a rate constant of 5 X 
1014 e~mm/Kr, It is a chain branching step which 
presumably is a major contributor to removing H 
from the system. With regard to H 02, it may be 
noted also that a search for it by mass spectro­
métrie analysis in a CH4-O 2 diffusion flame was 
unsuccessful.18

Several other reactions ought to be mentioned.
[,5 3, I H +  11,0 — > OH +  H,

This reaction has been estimated8 to have a rate 
constant of 1015 e~25m/JiT. It may partly ac­
count for the appearance of H2 in the system while 
the reverse reaction contributes to H2 removal.

O +  H2 — > OH +  H

This presumably contributes to H2 removal. 
The reaction to form H20  directly would be a spin 
violation.

H2 +  0 2 — > OH +  OH

This is quite improbable, energetically and steri- 
cally.

O +  H20  — OH +  OH

This is endothermic by about 18 kcal./mole and 
would seem to be rather unimportant. The 
reverse reaction is the most likely mechanism for 
OH removal.

O -f- H20  — H2 -j- 0 2

This reaction is about thermally neutral, and
we are unaware of any data on it otherwise. It 
does not seem very probable sterically.

O +  O +  M — >- 0 2 +  M

The most important recombination reaction is 
probably that of O atoms. Three-body recom­
binations of H and OH also could provide chain 
termination, but these both involve H atoms 
which are low in concentration in this flame.

Summarizing the discussion of the possibilities, 
and after eliminating the impossible or improbable 
steps, the simplest set of reactions which accounts 
for the main features of the flame chemistry is

h
( I )  CH< +  O H  — >- C H 3 +  H 2O

h
( I I )  C II4 +  O — C H 3 +  O H

M ethane disappear­
ance.

W ater form ation.

(17) C. P. Fenimore and G. W. Jones, ibid., 63, 1154 (1959).
(18) S. N. Foner and R. L. Hudson, J . Chem. Phys., 21, 1374 

(1953).
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( I I I )  C H S +  0 2 - X  H 2C O  +  O H  I  F Tonrm ationJand
/c4 7 disappearance.

( I V )  HaCO +  OH — >  HCO +  H2o j  W ater form ation.

\ Carbon m onoxide
( V )  H C O  +  O H  — ^  C O  +  HaO I form ation and

> disappearance.

( V I )  C O  +  O H  - V  COa +  H  j  C Tormatdion.lde 

h \
( V I I )  H  +  HaO — >  O H  +  H a( Hydrogen

( V I I I )  0  +  Ha — >  O H  +  H  )

( I X )  O H  +  O H  - X  H ,0  +  O

___= __  form ation
I and disappearance.

( X )  H  +  0 2
fcio

O H  +  O

ki:
( X I )  O +  O +  M  — >- Oa +  M

The chemistry of the oxygen-diluted ñame is 
different and somewhat simpler than its fuel-rich 
or stoichiometric counterparts. It would seem 
that the principal reason for this difference is that 
the concentration of oxygen in the reaction zone 
(as opposed to the inlet concentration) determines 
whether the radicals OH and 0  or H predominate 
in the initial reaction with fuel. In fuel-rich or even 
stoichiometric flames it is the H atom which pre­
dominates, because the effect of diffusion is to re­
duce drastically the oxygen concentration in the 
reaction zone—and hence that of OH and 0  also. 
Thus these flames are characterized by relatively 
high intermediate concentrations12 of H2 formed by 
reactions like VII or by direct reaction of H atom 
with the hydrocarbon. In any CII4-O 2 flame, how­
ever, the initial attack of OH, 0  or H on the CH4 
molecule leaves a CH3 radical which must then re­
act (more or less, depending on the 0 2 concentra­
tion) with 0 2 via reaction III. The O2 disappear­
ance in flames containing considerable H atom 
concentration, i.e., those not oxygen-diluted, must 
undoubtedly be attributed also to reaction X , and 
in some cases this may be the major mechanism as 
advocated by Fenimore and Jones.8 It is difficult 
to see how reaction III could be excluded entirely, 
however, and still account plausibly for the ap­
pearance of H2CO and CO.

Since all of the steps in the proposed reaction 
scheme involve free radicals, this brings up the 
question of chain initiation, branching and break­
ing reactions, and what we believe is an important 
distinction between flames and reacting systems 
which are homogeneous over relatively much longer 
distances. It is clear that the source of radicals 
in the fast reaction zone of a flame cannot be simply 
by diffusion from the burned equilibrium gas at 
the hot boundary since, as is brought out later, 
the evidence from this work and that of many 
other investigators is that the radical concentra­
tion in this zone goes through a maximum. The 
cause of this non-equilibrium maximum must be 
the reaction itself. In a flame there are no sur­
faces for radical recombination, so that the only 
mechanism (other than slow three-body radical 
recombinations) for opposing the chain reactions 
and thus limiting the chemical rate processes is the 
loss of radicals from the fast reaction zone by dif­

fusion upstream and downstream from the radical 
maximum. The net result is that a relatively high 
non-equilibrium concentration of radicals may be 
maintained in this zone. Since the fast bimolecu- 
lar reactions have the effect of merely exchanging 
unpaired electrons between radicals, it has been 
pointed out by Sugden and co-workers19 that the 
attainment of final equilibrium values must be by 
way of three-body radical recombinations such as 
XI. On the other hand, chain initiating steps need 
not be important in flame kinetics because high 
radical concentrations already exist and are com­
municated to the incoming gas by diffusion.

Interpretation of the Data in Terms of the 
Mechanism.—Since most of the chemical activity 
in these flames has been attributed to the OH 
radical, it is natural to examine first the conse­
quences of this assumption. The concentration of 
H atoms is kept very low (final burned gas mole 
fraction J h ~  10-4) by the excess of 0 2 and H20  via 
reactions X  and VII. Oxygen atom activity is 
largely confined to probable participation in CH4 
disappearance via II and provides a mechanism for 
equilibration of the system via X I. It will be noted 
that in the postulated mechanism the only step 
involving C 02 is VI. If we accept this postulate 
and consider both forward and reverse directions of 
VI, we can write

A'co* =  * 6[CO] [OH] -  6[CO 2] [H]

or using the equilibrium constant20 relation K e =
k$/k- 6

K co2 =  h N ’ lX coX oK  — XcOiXu/Ks\ (7)

where N  is the total molar density at any point 
in the flame. It is clear that eventually the re­
verse reaction term must become equal in magni­
tude to the forward term since equilibrium is ap­
proached at the hot boundary. In the earlier 
stages of the CO afterburning region, of course, 
the reverse reaction will be of less importance. 
At any rate, it is possible to estimate fc6 by assum­
ing that near the hot boundary the mole fractions 
Xon and X h are close to the computed equilibrium 
values as given in Table I. This would seem to be 
a reasonable assumption. The experimental Kco, 
data may then be used in eq. 7, together with the 
experimental data on X co  and X co, and the known 
equilibrium constant X 6, to compute near the hot 
boundary. In this way the data from the flames 
at both pressures give a value of 9 X  10u cm.3 
mole-1 sec.-1 at T ~  1950°K. As mentioned pre­
viously, there have been two published experi­
mental estimates of fc6 expressed in the simple Ar­
rhenius form A  exp( - E / R T ) .  Avramenko and 
Lorentso’s expression14 fc6 =* 3 X  1012 exp( — 7000/ 
R T )  (obtained by a flow technique at considerably 
lower temperatures) gives fe =  5 X  10u at 1950°K. 
while that of Fenimore and Jones,15 k6 «  2 X 1013 
exp(— 10000/17T), (obtained by a flame study at 
temperatures comparable to ours) gives ke ~  1.5 X 
1012 at 1950°K. Considering the variety of tech­
niques employed this degree of agreement may be

(19) E. M. Bulewicz, C. G. James and T. M. Sugden, Proc. Roy. 
Soc. (London), A235, 89 (1956).

(20) The equilibrium constant symbol such as Ke should not be con­
fused with the K i used for net reaction rates.
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Fig. 10.— Profile of O H  radical concentration in 1/10 atm . 
flam e obtained from  the C 0 2 form ation rate profile b y  fitting  
to  the equilibrium concentration of O H  at the hot boundary.

considered reasonably satisfactory. It was not 
possible to obtain an independent value of E 6 from 
this work. Using Avramenko and Lorentso’s 
value E% =  7 kcal./mole and our value of ke at 
1950°K., the expression for obtained was

h  ~ 5 x 1012e_™00/B7’ (8)

T a b l e  I

C a l c u l a t e d  F i n a l  ( H o t  B o u n d a r y ) E q u il ib r iu m  G as 

C o m p o s it io n ; T , 2000°K.
—Mole fractions-

Species 1/10 atm. 1/20 atm.
h 2o 0.15473 0.15349
co2 .08022 .07918
o2 .75273 .75612
C O .00040 .0C056
H , .00016 .OC023
n 2 .00060 .00060
N O .00042 .00042
Ar .00340 .00018
O H .00528 .00626
O .00201 .00285
H .00007 .00011

Once he was determined in this way, it was
sible to estimate a profile of Aon- In order to do 
this using eq. 7, the reverse reaction term must be 
neglected. This is justifiable, as pointed out be­
fore, in a region far enough upstream of the hot 
boundary. Indeed, in the region used for the fit­
ting procedure to get k6 at 1950°K. which was de­
scribed, the reverse term, i.e., the second term in 
brackets in eq. 7, was only about 1/10 as large as 
the forward term, so that its neglect upstream of 
this would certainly be warranted. A profile of 
X o h  for the 1 / 1 0  atm. flame computed in this way 
is shown in Fig. 10. It will be noted that Aon is 
nearly constant in the latter (hotter) part of the 
flame where the main reaction is the conversion of 
CO to CO2, but rises to a maximum in the region 
where the fast reactions occur. This general be­
havior of unstable intermediates in flames has been 
noted by several authors. Experimentally, radical 
concentrations in the nearly burned gas regions of 
flames have been measured with an isotope labeling 
technique,21 spectroscopically,22-23 and photometri­

cally.19 The general conclusions of these studies 
have been that although radical concentrations (H 
and OH) may show a maximum two or three orders 
of magnitude above equilibrium values in the 
nearly burned gas of rich hydrogen flames and 
several times greater than equilibrium in lean 
hydrogen flames, in hydrocarbon flames values only 
slightly above equilibrium are reported. (The 
latter conclusion supports our use of the equilibrium 
A on in computing fc6.) In the present case, 
(XoH)max occurs at z =  0.3 cm. where the tempera­
ture is 1750°K. The ratio of (Aon).,,!« to the 
equilibrium value at this temperature is about 10. 
This maximum lies near the fast reaction region and 
would not be in the region studied by the optical 
techniques quoted above. In the slow reaction 
region the X oh values are closer to equi­
librium, in agreement with these studies.

The disappearance of CH4 in the flame has been 
attributed to OH radicals and/or O atoms via re­
actions I and II. Which of these—if either one—  
is more important is not possible to state for sure 
at this time. In mew of the fact that the final 
equilibrium X oh is more than twice Xo (see Table
I), and that there are more sources of OH than O 
in the proposed mechanism, it seems likely that 
I would be more important. (Presumably II could 
not occur without I, since II generates OH, but the 
converse is not true.) If we neglect reaction II 
for the moment, the Aon profile obtained from the 
C 02 production rate may be used to obtain a rate 
constant for I. Thus

K en, =  —kiN2XcmXoB. (9)

and solving for kh using X oh profiles individually 
fitted at the hot boundary of each flame, we ob­
tain from the 1/10 atm. flame (cm.3 mole-1 sec.“ 1)

£i(1650-1790°K.) = 3 X 1013 
and from the 1/20 atm. flame

Ai(1660-1840°K.) = 1 X 1013
Over the temperature range in the flame where 
both X ch, and X oh data were available, k\ was 
independent of temperature. The only available 
estimate of E\ is about 8.5 kcal./mole (quoted in 
ref. 7). From 1650 to 1840°K. the factor exp- 
( — 8500/RT) varies only from 0.08 to 0.10, which 
is well within the scatter of the k, values determined, 
so that such a small temperature dependence would 
be undetectable. The point really is that an aver­
age ki value of about 2 X 1013 is entirely reasonable. 
Taken at face value, this would imply a steric 
factor about 10 times larger than that for reaction 
VI (the activation energies are probably roughly 
equal). This may be sensible in view of the spheri­
cal symmetry of the CH4 molecule. If part of the 
measured CH4 disappearance rate is due to O atoms, 
however, the estimate of k, obtained by assuming 
it is all due to OH reaction would be too high, 
which would tend to overestimate the steric factor 
of reaction I.

(21) C. P. Fenimore and G. W. Jones, J. Phys. Chem., 62 , 693 
(19581.

(22) (a) W. E. Kaskan, Combustion and Flame, 2, 229, 286 (1958); 
(b) A. G. Gaydon and H. G. Wolf hard, Proc. Roy. Soc. {London), A194, 
169 (1948).

(23) T. Grewer and H. G. Wagner, Z. physik. Chem., 20, 371 (1959).
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It should be noted that Fenimore and Jones8 
rule out reaction I as an important reaction in 
methane flames on the basis of indirect arguments 
involving the relative rates of H20  and C 02 forma­
tion in near-stoichiometric CH4-H 2- 0 2-A r flames. 
Since (as far as we can tell) they made no actual 
measurements of H20  concentration, we do not 
regard their argument as very convincing.

Over-all Kinetics.— It is interesting to examine 
data from flame studies of this kind in terms of so- 
called over-all kinetics, and a comparison with the 
results of other workers may be of some significance. 
A general picture24 of what must be happening as a 
complex reacting mixture such as exists in the after­
burning regions of a flame approaches its final 
equilibrium state has emerged principally from the 
work of Bulewicz, James and Sugden18 and Kas- 
kan.21'25 They have shown that a .mechanism 
which includes only reactions such as (in this case) 
VI through IX  cannot lead to final equilibration 
of an arbitrary mixture of the radicals and mole­
cules present in the flame gases. These bimolecu- 
lar steps, which simply exchange unpaired electrons 
amongst the various species, would be expected 
to lead eventually to a state where certain relations 
between the species concentrations would be the 
same as at equilibrium, but where actual concentra­
tions might be higher or lower than for complete 
equilibrium. Kaskan26 has pointed out that, for 
the mixture under consideration here, the quantity 

[OH] +  2[0] +  3 [H] +  2[CO] +  2[H2] 
cannot change with time if only reactions V I-IX  are 
considered. In order to reach final equilibrium 
some other reactions— presumably three-body re­
combinations—must be included. This appears 
to be a perfectly valid argument. It says nothing, 
however, about the chemical kinetic rates of the 
individual species in the afterburning region.

Kaskan26 has presented evidence from spectro­
scopic measurements in various lean flames that 
reactions VI, VII, VIII and X  reach a state of 
equilibration very quickly beyond the fast reaction 
(luminous) zone. If we assume equilibration of 
VI and VII, this implies that the water gas equi­
librium must be satisfied. This is something that

CO +  H20 C02 +  H2
is subject to experimental test in our flames since 
all of the above four species were directly meas­
ured. If we define the water gas equilibrium 
constant as

. _  (  [CO,] [H,] \
WE VICO] [H20] Acuii (10)

we can compare the measured ratio Q»g = ([C 02]- 
[H2]/[CO] [H20])mca8 with 7Cwb to determine the 
extent of deviation from equilibrium. This com­
parison is shown in Table II. It is clear that the 
water gas equilibrium definitely is not attained 
until the hot boundary is reached, so that the equil­
ibration of both reactions VI and VII is not borne 
out by these data. Since the region of the flame 
covered in Table II is one where both [H20 ] and 
[H2] have attained essentially constant values, it is

(24) The authors are indebted to the referees of this paper for helpful 
discussion and several constructive suggestions about this matter.

(25) W. E. Kaskan, Combustion and Flame, 3, 49 (1959).

quite possible that VII may be equilibrated, 
but if so, VI cannot be. Previous evidence19'21 
indicates that VII may be equilibrated in such 
flames as these. The lack of equilibration of VI 
was commented on earlier in the present paper, of 
course, when only the forward reaction was used 
to estimate a profile of X o h .

T a b l e  I I

T est  o f  A tt a in m e n t  of th e  W a t e r  G as  E q u il ib r iu m  in  
t h e  A f t e r b u r n in g  R egion

AVe = ( [COs] [H2]/[CO] [H20])equii, Q = ([COs][H2]/[CO]-
[H20] )meas 

1/10 atm. flame
z, cm. T, °K. Qwg Kw  g Qwg/Xwg

0.30 1748 0.011 0.266 0.041
.38 1852 .013 .240 .054
.45 1890 .021 .233 .090
.60 1940 .041 .224 .18
.80 1988 .11 .215 .52
.90 2000 .24 .215 «1

1/20 atm. flame
0.56 1853 0.013 0.240 0.054

.66 1893 .016 .233 .069

.82 1931 .027 .225 .12
1.0 1957 .043 .220 .20
1.5 1988 .089 .215 .41
2.1 1990 .19 .215 .89

If we assume, then, that reaction VI is not
equilibrated in the afterburning zone of these 
flames, the question arises as to whether or not 
the disappearance rate of CO can be related to the 
concentrations of ether major species in any reason­
able way. It seems evident that, as pointed out 
before, the eventual equilibration of the excess 
radicals present in the flame must be by way of 
recombination reactions, such as the reaction X I 
which we have postulated as being most important 
in our case. Simultaneously, it appears reason­
able that the CO is being converted to C 02 via VI, 
with the reverse reaction becoming important in 
the later stages as the concentration of CO de­
creases and C 02 increases. In rigorous detail, 
these processes of radical decay and CO conversion 
are coupled, of course. However, in a case such 
as this where 0 2 and H20  are present in large excess 
compared to CO, the radical concentrations are 
probably not much out of equilibrium, so that it is 
perhaps useful and instructive to approximate 
the situation by regarding the CO as immersed in 
a bath composed of 0 2, H20, OH and 0  at equilib­
rium. This amounts to a steady-state treatment 
of OH and 0. From the equilibrated reactions 
IX  and X I one can derive an expression for X oh 
of the form

v (Vh2o)1/<Xq2)1A
XoH AVAAVAP'A (U

where the equilibrium constants Kg and K n are in 
partial pressure units, i.e.

K* PHlOPO, jr
WoH>’ Kn

VO2

ivoY
The presence of small amounts of CO will not 
appreciably alter the values of X o h  computed 
from (11).
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T a b l e  I I I
C o m pa r iso n  o f  C O  D is a p p e a r a n c e  R a te s  C o m pu t e d  fro m  E q . 14 an d  T h o se  M e a su r e d  E x p e r im e n t a l l y  b y  V a r io u s

A uth o rs
X co2/[C01 Kco,/[CO]

Author Flame system eq. 14 (sec. ’) Exptl. (sec.-1)
This work C H 4- 0 2 a t 0 . 1  atm .

(X o , =  0 .7 5 ,  X h2o =  0 .1 5 ,  T  =  1 9 5 0 °K .)
2900 3000

This work C H 4- 0 2 at 0 .0 5  atm .
( X 0s =  0 .7 6 ,  X h,o =  0 .1 5 ,  T =  1 9 5 0 °K .)

1400 1500

Friedm an and Cyphers27 CaHs-air a t 0 .0 6  atm .
(X 0i =  0 .0 9 5 , X h2o =  0 .0 8 4 , T =  1 6 0 0 °K .)

73 231

Friedm an and N u gen t28 C O - 0 2 a t 0 .0 4  atm .
(X 0, =  0 .7 7 ,  X h,o =  0 .0 3 3 , T =  1 7 8 0 °K .)

2 1 0 185

Fenim ore and Jones29 C 2H 2-a ir  at 1 atm .
(X 02 =  0 .0 5 2 , X ¡¡jo =  0 .0 6 1 , T =  1 8 8 5 °K .)

2900 700

We may now use eq. 7 with the reverse reaction 
(second) term neglected— an approximation which 
should certainly be good in the initial stages of the 
CO disappearance as previously noted. Substi­
tuting eq. 11 for X oh in (7) gives

WV*Xco(XHlo)1A(Xoi),A /C 6[C 0][H 20 ] 1A [ 0 2] 1/ ,
co* ATAXn'AP'A Ko'/'Ku'/iRTYU

(12)
which is an over-all kinetic relation for the initial 
rate of C 02 formation from CO reacting in a shift­
ing equilibrium mixture of 0 2, FRO, 0  and Old. 
The “ over-all rate constant”  for this case would be 
given by

k =  h/Ky/iKu'HRT)'/* (13 )

in units of (cm.3 mole-1)0-76 sec.“ 1. The equi­
librium constants K 9 and K n are known functions 
of temperature, of course— approximately of the 
form In K  ( l /T ) . Since ke is of the same form, 
an Arrhenius plot of In k vs. l/T  with k evaluated 
according to eq. 13 should be linear (the T1 A 
factor is unimportant) with a slope giving an “ over­
all activation energy.”  This procedure, using 
eq. 8 for k6, gave the result

Kcoi =  3 X  1013e - 45000,K:r[CO] [H 20 ] 'A [ 0 2]'A  (14 )

It should be emphasized that this expression 
would not be expected to be a reasonable approxi­
mation under conditions (such as in flames rich in 
H2) where high excess OH concentrations are 
found or where the reaction has proceeded long 
enough so that the reverse reaction of VI should be 
included. Both of these conditions have been noted 
by Kaskan.26 But where small amounts of CO 
are present with excesses of 0 2 and H20  it should 
be valid. In this connection it is noteworthy 
that the concentration dependences of the CO 
conversion rate given by eq. 14 are exactly the same 
as those found empirically by Kozlov26 in a con­
ventional flow reactor experiment, and stated by 
him as having been verified by several other 
Russian workers in various burning velocity stud­
ies for 0 2 concentrations greater than 5%. It seems 
likely that this is significant. His over-all acti­
vation energy is lower (32 kcal./'mole), however.

(26) G. I. Kozlov, “ Seventh Symposium on Combustion,”  Butter- 
worths, London, 1959, p. 142.

(27) R. Friedman and J. A. Cyphers, J. Chem. Phys., 23, 1875 
(1955).

(28) R. Friedman and R. G. Nugent, “ Seventh Symposium on 
Combustion,”  Butterworths, London, 1959, p. 311.

(29) C. P. Fenimoreand G. W. Jones, J. Phys. Chem., 61, 651 (1957).

Using eq. 14, it is of interest to compare the 
present results with those of other flame studies. 
For each case, the quantity K co2/[C O ] was com­
puted from (14) and compared with the experi­
mentally measured value. The results are given 
in Table III. For the data of this work, the two 
agree closely, of course, because the numerical 
value of fce which enters into the over-all rate con­
stant via eq. 13 was fitted to the experimental 
data by the same equilibrium OH assumption 
used in deriving (14). For the three other works 
cited, the predictions of eq. 14 are at least fairly 
satisfactory, considering the variety of experi­
mental conditions and techniques employed. The 
validity of (14) is by no means proven, however, 
and is simply suggested as being interesting at this 
time.

Fenimore and Jones28 report several other sets 
of data for flames having considerably less 0 2 in 
the burned gas, and the experimental values of 
K co2/[CO ] for these are much lower than the 
computed values—the discrepancy being consider­
ably worse than the case cited in Table III. In­
deed, in this connection it is again interesting to 
note that Kozlov26 also mentions that the 1/i 
power concentration dependence for 0 2 holds only 
for X o2 >  5%. It would seem that this is to be 
expected under the interpretation suggested here, 
since with very little 0 2 present the H atom con­
centration would be much higher, and the reverse 
of reaction VI should be included. Thus, calcu­
lated values of A co 2/[CO ] would tend to be lower 
than those computed neglecting the reverse re­
action and this would improve the agreement shown 
in Table III for the data of Fenimore and Jones. 
The probable inadequacy of neglecting the reverse 
reaction in their work also has been remarked by 
Fenimore and Jones.15 The effect of the reverse 
reaction can be included by assuming an equilib­
rium concentration of H also, so that using the 
complete eq. 7 one gets

Kcoi h N ‘ ( X s ,0)'A  [
X co fX o J -A

Xs'AXn'AP'A
________ Xco;________
X 6X 9'A X 112A X i„P3A (X 0!)V.] <15>

This shows that the larger X o„  the less important 
the second term (reverse reaction), although it is 
only a x/ 4 power dependence. The over-all 1/ 2 

power dependence on l a o ,  remains, however,
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which also accords with Kozlov’s results. The 
usefulness of such a complex expression as (15) is 
questionable, of course.
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Unified absolute adsorption isotherm s for nitrogen at — 1 9 5 ° , and n-hexane and benzene at 2 0 °  have been m easured using 
a series of “ graphitized”  m edium  therm al carbon blacks as adsorbents. Differential heats of adsorption as a function of 
surface coverage were also m easured. T h e  initial portion of the nitrogen isotherms is slightly convex and well described in 
term s of localized adsorption, taking into account interaction of adsorbate molecules. T he adsorption isotherm  for benzene, 
on the other hand, is initially concave, and the heat of adsorption is found to be practically constant over the entire m ono- 
layer coverage. In  the case of n-hexane, the heat of adsorption rises by about 1 5 %  during m onolayer coverage, and the initial 
portion of the isotherm , like nitrogen, is slightly convex. T he new ly-m easured heats of adsorption are in good agreement 
w ith earlier calculated values of the potential energy of adsorption.

Introduction
In studies of adsorption on solid bodies, the meas­

ured quantities are usually relative. This is due 
to the indeterminate geometrical and chemical 
structure of most adsorbents. For this reason, 
there is an unfortunate gulf between experiment 
and theories of adsorption forces and adsorption 
equilibria, which, in quantitative form, refer 
specifically to homogeneous surfaces.1'2 Even such 
a basic quantity as specific surface of the adsorbent 
frequently remains indeterminate, because at the 
basis of the BET method3 lies (among other limita­
tions) the assumption of a more homogeneous sur­
face.

It is important, therefore, to employ adsorbents 
of homogeneous surface which will provide repro­
ducible results in all laboratories. In this connec­
tion, adsorbents having their surface composed 
principally of planes of a single index, and of suf­
ficient area for precise measurements, are most 
desired. One of the simplest adsorbents of this 
type is “ graphitized”  carbon black.1'4-15 Thermal

(1) A. V. Kiselev, Vestnik Akademii Nauk SSSR, No. 10, 43 (1957); 
N. N. Avgul, A. A. Isirikyan, A. V. Kiselev, I. A. Lygina and D. P. 
Poshkus, Izvestia Akademii Nauk SSSR, Dept. Chem. S c i 1314 
(1957); N. N. Avgul, A. V. Kiselev, I. A. Lygina and D. P. Poshkus, 
ibid., 1196 (1959).

(2) A. V. Kiselev, D. P. Poshkus, Dokl. Akad. Nauk SSSR, 132, 148 
(1960).

(3) S. Brunauer, P. H. Emmett and E. Teller, J. Am. Chem. Soc., 
60, 309 (1938).

(4) R. A. Beebe, J. Biscoe, W. R. Smith and C. B. Wendell, J. Am. 
Chem. Soc., 69, 95 (1947); C. Pierce and R. N. Smith, ibid., 75, 846 
(1953); R. A. Beebe and D. M. Young, J. Phys. Chem., 58, 93 (1954).

(5) W. D. Schaeffer, W. R. Smith and M. H. Polley, Ind. Eng. Chem., 
45, 1721 (1953).

(6) S. Ross and W. Winkler, J. Coll. Sci., 10» 319, 330 (1955); S. 
Ross and W. W. Pultz, ibid., 13, 397 (1958).

(7) A. V. Kiselev and E. Y. Khrapova, Kolloidn. zhum., 23, 2 (1961).
(8) A. A. Isirikyan and A. V. Kiselev, ibid., in press.
(9) R. A. Beebe and J. M. Holmes, J. Phys. Chem., 61, 1684 (1957).

carbon blacks heated in absence of air to 3000° 
have an especially homogeneous surface.6-9'11'14-16 
As a result of heat treatment, the initially spherical 
particles become polyhedra,5 with faces consisting 
mainly of homogeneous basal planes of single 
crystals of graphite. These single crystals are 
connected along the edges of the polyhedron. 
While these boundaries give rise to some residual 
heterogeneity, it is so small it does not influence 
adsorbate-adsorbent interaction. A comparison of 
adsorption isotherms and heats of adsorption 
measurements carried out on such carbon blacks in 
many laboratories demonstrates the excellent re­
producibility of both the measurements and the 
surface uniformity.

Using a number of graphitized thermal blacks, 
we have investigated the adsorption of nitrogen at 
— 195°: first, because reliable data are already
available in the region of small6 and large9 cover­
ages and, second, because nitrogen usually is used 
in determining specific surface by the BET method. 
Isotherms and differential heats of adsorption of 
benzene and n-hexane were also obtained. Al-

(10) A. Y. Kiselev, Kolloidn. zhurn., 20, 338 (1958); A. V. Kiselev, 
N. V. Kovaleva, V. A. Sinitsyn and E. V. Khrapova, ibid., 20, 444 
(1958).

(11) R. A. Beebe, J. M. Holmes, A. V. Kiselev and N. V. Kovaleva, 
J. Phys. Chem., in press.

(12) N. N. Avgul, A. V. Kiselev, A. Ya. Korolev and I. A. Lygina, 
Kolloidn. zhurn., 20, 298 (1958).

(13) N. N. Avgul, G. 1. Berezin, A. V. Kiselev and I. A. Lygina, 
Zhurn. fiz. Khimii, 30, 2106 (1956); Izv. Akad. Nauk SSSR, Dpt. 
Chem. Sci., 1304 (1956); 1021 (1957); 787 (1959); A. V. Kiselev, 
“ Proc. Second Internat. Congress on Surface Activity,” Vol. 2, 
London, 1957, p. 168.

(14) W. B. Spencer, C. H. A mberg and R. A. Beebe, J. Phys. Chem., 
62, 719 (1958).

(15) N. N. Avgul, G. I. Berezin, A. V. Kiselev and I. A. Lygina, 
Izv. Akad. Nauk SSSR, Dept. Chem. Sci., in press.

(16) M. H. Polley, W. D. Schaeffer and W. R. Smith, J. Phys. Chem. 
57, 469 (1953).



602 A. A. ISIRIKYAN AND A. V. KlSELEV Yol. 65

F ig. 1.— A bsolute adsorption isotherm  of nitrogen vapor at — 195° on graphitized therm al blacks: (1) M T - 1  ( 3 1 0 0 ° ) ;  (2) 
F T  (2 8 0 0 ° ) ; (3) T - l  (3 0 0 0 ° ) ; (4) T -3  (3 2 0 0 ° ) ; (5) M T  (3 1 0 0 °)  data from  (9 ) ; ( 6) F T  (2 8 0 0 °)  data from  ( 6 ) .

though these molecules contain the same number of 
carbon atoms, they are radically different in 
structure. Benzene, though non-polar, has an un­
even density distribution of ^-electrons. For this 
reason, adsorption of benzene is sensitive to pres­
ence of surface hydroxyl groups as are all molecules 
with large quadrupole moments.17-21 «-Hexane is 
practically insensitive to this factor. Benzene 
molecules are planar and, in the case of adsorption 
on a non-polar adsorbent, the weak electrokinetic 
(dispersion) attraction between them is, apparently, 
balanced by the weak electrostatic repulsion of the 
CH dipoles and quadrupoles formed by 7r-electron 
clouds, so that the heat of adsorption remains nearly 
constant during filling of the monolayer.12 On the 
other hand, molecules of «-hexane are strongly at­
tracted to each other and the heat of adsorption 
passes through a maximum.813

Experimental
Adsorben ts.— T h e adsorbents used in the present study  

were therm al carbon blacks graphitized at 3000 ±  3 0 0 °  in 
the absence of air. T he therm al blacks T - l  and T -3  were 
prepared in this Laboratory and subsequently graphitized 
b y  us. T he graphitized samples Sterling F T  (2 8 0 0 °)  and 
Sterling M T  (3 1 0 0 °)  were obtained from  D r . W .  It . Sm ith  
of C abot Corporation, and were from the sam e lot as the 17 18 19 20 21

(17) A. V. Kiselev, Dokl. Akad. Nauk SSSR, 106, 1046 (1950); 
A. A. Isirikyan and A. V. Kiselev, ibid., 115, 343 (1957); A. V. Kiselev 
and L. D. Belyakova, ibid., 119, 298 (1958); “ The Structure and Prop­
erties of Porous Materials,”  Ed. D. H. Everett and I  . Stone, London, 
1958, p. 195.

(18) A. V. Kiselev and D. P. Poshkus, DoJcl. Akad. Nauk SSSR, 120, 
834 (1958).

(19) L. E. Drain, Trans. Faraday Soc., 49, 650 (1953); L. E. Drain 
and J. A. Morrison, ibid., 49, 654 (1953).

(20) T. Hayakawa, Bull. Chem. Soc. Japan, 30, 236 (1957).
(21) G. J. C. Frohrsdorff and G. L. Kington, Trans. Faraday Soc., 55, 

1173 (1959).

samples previously supplied D r . R oss and D r . B eeb e .6'9 
T h e Sterling M T -1  (3 1 0 0 °)  was a freshly prepared sam ple ob­
tained from  D r . Sm ith at a som ewhat later d ate . T h e  
samples T - l  and T -3  were graphitized in our laboratory at  
3 0 0 0 ° for 45  and 10 m inutes, respectively. T h e  Sterling 
M T  and F T  samples supplied b y  D r . Sm ith had been heat 
treated for tw o hours. Earlier studies have shown that  
graphitization at 3 0 0 0 °  is very rapid and it can be assumed  
that all the above samples are at about the sam e degree of 
graphitization.

Prior to  the experiments, the samples were evacuated in 
the system  at 4 5 0 °  for 6 -1 0  hours .22

A bsorbates.— Nitrogen was obtained first from  sodium  
azide and then b y  purification of tank nitrogen. T h e  ben­
zene and «-hexane were the same as used in earlier w ork .8,22 
Adsorption of nitrogen was measured on tw o devices w ith  
accurately calibrated gas burets, first directly in the calori­
m etric cartridge ,8'17,22 and then separately . 23 In  the low  
pressure region, corrections were introduced in accordance 
w ith Chu L ian g .24 T h e  saturation pressure, P s, was m eas­
ured w ith a nitrogen therm om eter, and ranged from  780 to 
810 m m .

M easurem ents of the adsorption and heats of adsorption  
of benzene and n-hexane were carried out w ith  the vacuum  
capillary m icroburet for liquids, and a calorimeter w ith con­
stant heat exchange as described earlier.22

Results and Discussion
Determination of Specific Surfaces.— Data from 

Ross6 and Beebe9 for the adsorption of nitrogen 
on similar samples of graphitized thermal blacks 
were included with our data in preparing BET 
plots. All the data provided linear plots over rela­
tive pressures ranging from 0.0003 to 0.09. Values 
for the monolayer capacity am, in micromoles per

(22) A. A. Isirikyan and A. V. Kiselev, Zhurn. fiz. khim., 31, 2127 
(1957); 32, 679 (1958); A. A. Isirikyan, A. V. Kiselev and G. G. 
Muttik, “ Proc. Second Intern. Congress on Surface Activity,”  Vol. 2, 
London, 1957, p. 214,

(23) B. G. Aristov, A. P. Karnaukhov and A. V. Kiselev, Kolloidn. 
zhurn (in press).

(24) S. Chu Liang, J. Appl. Phys., 22, 148 (1951).
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Fig. 2 .— A bsolute adsorption isotherm  of benzene vapor at 2 0 °  on graphitized therm al blacks: (1) M T -1  (3 1 00 °J ; (2 ) F T
(2 8 0 0 ° ) ; (3) T - l  (3 0 0 0 ° ) ; (4) T -3  (3 2 0 0 °) .

gram, and specific areas, s, using 16.2 A .2 for nitro­
gen cross-sectional area, were computed from these 
plots and are reported in columns 2 and 3 of Table 
I.

T a b l e  I

C h a r a c t e r i s t i c s  o f  S a m p l e s  o f  G r a p h i t i z e d  C a r b o n  

B l a c k s  U s e d

'-------------Results of applying BET method--------------
Nitrogen 

com —  16.2 A .2
Benzene 

tom = 40 Â .2 ii- Hexane
d m

Aimole/ s,
Om,

pinole/ s,
a,m

/i mole/ ûhn»
Adsorbent g. m .y  g. g- m.2/g. g- Â .2

T - l (3000°) 298.5 29.1 122.5 29.5 94.8 51.0
T-3 (3200°) 68.0 6.63 27.0 6.65
Sterling FT 

(2800°) 125.3 12.22 50.8 12.23 39.9 50.9
Sterling MT 

(3100°) 66.8 6.51
Sterling MT-1 

(3100°) 78.4 7.65 31.9 7.68 25.06 50.8

The BET plots for benzene and n--hexane are
linear over relative pressures from 0.04 to 0.12 for 
benzene, and 0.002 to 0.12 forn-hexane. The corre­
sponding values of am are given in columns 4 and 
6 of Table I. Assuming, for a plane benzene mole­
cule, com = Vm/Nr where vn is the molar volume of 
liquid benzene, N  Avogadro’s number, and r, the 
van der Waals thickness of the molecule, as 3.70 A., 
we obtain wm =  40.0 A .2 The corresponding values 
of specific area, s, given in column 5, are very close

to those obtained with nitrogen on the same ad­
sorbents.

Since it is difficult to make an independent deter­
mination of for n-hexane with a high degree of
accuracy, this value was determined from the 
values of specific surface found with nitrogen, and 
the value com as determined from the BET plot for 
the adsorption of w-hexane. The values of com for 
n-hexane thus evaluated are given in column 7 of 
Table I. They are in good agreement, and pro­
vide an average value of 51.0 A .2 This value is 
close to the 54 A.2 value estimated in earlier work,13;25 
from the density of the liquid assuming r =  4 A. 
and the van der Waals dimensions of w-hexane ex­
tended along the surface. Thus, using the BET 
method, it is feasible to determine the specific sur­
face from the adsorption of n-hexane at 20°, em­
ploying o>m =  51.0 A. as the cross-sectional area of 
the adsorbate.

The Absolute Adsorption Isotherm of Nitro­
gen.— Figure 1 gives the isotherm, at —195°, of 
the absolute values of the adsorption of nitrogen 
(per unit area), a =  a /s,26 and the extent of sur­
face coverage, 9 =  a/am. In the case of Sterling 
FT (2800°), the value of 12.22 m.2/g . that we 
determined coincides with that reported by 
Beebe, et al.,u which indicates that the samples 
were identical. This value was taken for recalcu-

(25) A. A. Isirikyan and A. V. Kiselev, Zhurn. fiz. khim. (in press).
(26) a is the measured value of adsorption per gram of adsorbent.



604 A. A. IsmiKYAN a n d  A. V. K iselev Yol. 65

a, ¡i m o le /m .2.
F ig. 3 .— T h e differential heat of adsorption of benzene vapor at 2 0 °  as a function of the surface coverage of graphitized  

therm al blacks: ( 1 ) M T -1  (3 1 0 0 ° ) ; (2 ) F T  (2 8 0 0 ° ) ; (3) T - l  (3 0 0 0 ° ) ; (4) T -3  (3 2 0 0 °) .

lation of the data of Ross and co-workers6 in terms 
of absolute values.27 For our sample of Sterling 
M T (3100°), we obtained an area of 7.65 m.2/g., 
while Beebe, et al.,u report the value 6.3 m.2/g. 
for their sample. Thus, apparently these were dif­
ferent though very similar samples of graphitized 
thermal black. Therefore, in the determinations 
of absolute values from our data, we used s =  7.65
m.2/g. We find that the data of Beebe, et al.,u 
can be brought into agreement with our data on 
the basis of an area of 6.51 m.2/g ., obtained from 
a BET plot in the same p/ps interval, rather than 
their 6.3 value.

From Fig. 1 it is seen that for all thermal blacks, 
heated to about 3000°, the absolute values of ad­
sorption, determined from both the measurements 
of Ross and Beebe,6'9 as well as from our own, 
lie on one and the same isotherm.28 The absolute 
isotherm thus obtained may be attributed to the 
adsorption of nitrogen on the basal plane of graph­
ite. To facilitate reproduction of this isotherm 
as a standard, the interpolated values of a and 
p/ps are provided in Table II.

A complete theoretical description of the isotherm 
for mono-molecular and, particularly, multi-molec­
ular adsorption, requires a statistical-thermody­
namic treatment, with account taken of the effect 
on the distribution function of the energies of ad­
sorbate-adsorbent and adsorbate-adsorbate inter­
actions and their variation with surface coverage. 
Since this has not been done as yet, use should be 
made of approximate equations, in which only the 
shape of the isotherm has been derived theoretically,

(27) In Paper 6 the reported value of s — 11.7 m.2/g ., for this 
sample, was estimated from “ point B.”

(28) The same conclusion, though somewhat less precise, was made 
earlier, 7 ref., with the help of data from references 6 and 16.

Table II
Absolute Values of Adsorption o f  Nitrogen o n  t h e  

Basal Face of Graphite a t  —195°
T h e surface is defined according to  B E T  at wm = 16.2 A.s 

(see colum n 3 of T ab le  I )

P/Pe
oc,/¿mole/m.2 p/p>

a,n mole/m.2 p/p.. ¿unole/m.2
0.00003 0.50 0.0024 8.93 0.35 17.6

.00005 0.90 .0037 9.18 .40 19.0

.00008 1.45 .0055 9.45 .45 20.2

.00010 1.90 .0075 9.70 .50 21.2

.00013 2.55 .0095 10.00 .55 22.2

.00017 3.50 .014 10.35 .60 23.3

.00020 4.13 .025 10.59 .65 24.7

.00023 4.72 .040 10.72 .70 26.7

.00027 5.35 .06 10.91 .75 29.2

.00031 5.80 .08 11.05 .80 31.6

.00037 6.33 .10 11.27 .85 34.5

.00043 6.70 .13 11.60 .90 40.0

.00051 7.08 .16 11.95 .94 47.5

.00060 7.37 .19 12.46 .96 58.0

.00075 7.75 .22 13.15 .97 66.0

.00095 8.07 .26 14.36 .98 78.0

.0013 8.42 .30 16.00

while the numerical values of the constants are 
found from experiment. The convex initial por­
tion of the nitrogen isotherm on graphitized carbon 
black shows that in a more detailed description of 
the isotherm one cannot neglect adsorbate-adsorb­
ate interactions as compared with adsorbate-ad­
sorbent interactions. In the work of Ross,6 the 
adsorption isotherm of nitrogen in the region of 
monolayer coverage was described by three equa­
tions: the Henry equation, the Hill equation for 
non-localized monomolecular adsorption, which
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F ig. 4 .— A bsolute adsorption isotherm  of ra-hexane vapor at 2 0 °  on graphitized therm al blacks: (1 ) M T -1  i'3 1 0 0 °) : (2 )
F T  (2 8 0 0 ° ) ; (3) T - l  (3 0 0 0 °) .

accounts for adsorbate-adsorbate interaction,29-30 
and the Langmuir equation for localized adsorption 
without interaction. In papers7-10 the entire re­
gion of monomolecular coverage was described by 
the following single equation, 1, which took into 
consideration the adsorbate-adsorbate interactions 
in the case of monomolecular localized adsorption10

v/v“ = Ai(l -  e)(l +  Kne) (1)
where 9 — a fa m, and K\ and K n are equilibrium 
constants of adsorbate-adsorbent and adsorbate- 
adsorbate interactions.

Up to a =  9 jumole/m.2 the isotherm in Fig. 1 is 
best described by equation 1 for 9 =  a/9.23 (i.e., 
for uim =  18 A .2), Ki =  900 and K n =  8) hence

v /v  = _________ a / 9 .2 3 _________
p/p‘ 900(1 -  a/9.23)(l +  8a/9.23) k ;

Equation 2 may be used as a good interpolation 
formula, because the isotherm calculated from it 
coincides with the experimental isotherm (up to 
a =  9 pmole/m.2 and relative pressure of 0.0025). 
In the region of lowest coverage, the experimental 
points lie somewhat higher. This may be at­
tributed to enhanced adsorption at sites of residual 
inhomogeneity of the surface of the adsorbent.31 
Hill’s equation of non-localized adsorption yields

(29) T. L. Hill, J. Chem. Phys., 14, 441 (1946).
(30) J. H. de Boer, “ The Dynamical Character of Adsorption," 

Oxford, 1953.
(31) When applying equation 2, one must bear in mind that the 

values of s used for constructing the absolute isotherm of Fig. 1 were 
determined from experimental isotherms by the BET method using 
wm = 16.2 A.2 The BET equation does not describe a wave-like 
isotherm; for one thing, it does not describe the convex portion of its 
first wave.

poorer results in this instance. Thus, nitrogen 
adsorption at —195° on the basal face of graphite is 
predominantly localized.

Adsorption and the Heat of Adsorption of Ben­
zene.—-Figure 2 presents an isotherm of the 
absolute values of adsorption of benzene vapor on 
the graphitized thermal blacks MT-1 (3100°), FT 
(2800°), T-2 (3200°) and T -l (3100°). The data for 
these adsorbents lie close to a single general curve. 
Table III contains the appropriate interpolated 
values of a and p/ps for the construction of this 
isotherm. In the region of monolayer adsorption, 
the isotherm is concave.

T a b l e  I I I

Absolute Values of Adsorption of Benzene on the 
Basal Face of Graphite at 20°

T h e surface is determined from  nitrogen at — 195° b y  the 
B E T  m ethod, using am =  16.2  A .2; pa =  7 5 .4  m m .

p/p.
OC,

/¿mole/
m.2 v/pt

oc,
/tmole/

m.2 p/p>
/¿mole/

m.2

0 .0 0 0 5 0 .1 5 0 .0 3 0 3 .2 4 0 .4 0 5 .8 6
.0 0 1 .2 7 .035 3 .4 0 .45 6 .2 5
.0 0 2 .50 .040 3 .5 1 .5 0 6 .7 7
.003 .71 .050 3 .7 1 .5 5 7 .3 5
.0 0 4 .9 0 .0 6 3 .8 7 .6 0 8 .0 8
.005 1 .0 9 .0 7 4 .0 0 .6 5 8 . 8 8

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

.007 1 .4 5 .09 4 .1 9 .7 5 1 0 .8 0

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

.009 1 .7 4 .15 4 .6 1 .825 1 2 .5 0

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

.015 2 .4 0 .25 5 .0 6 .8 7 5 1 4 .4 0

.0 20 2 .7 4 .30 5 .3 0 .900 1 6 .2 0

.025 3 .0 2 .35 5 .5 6 .9 2 5 2 0 . 0
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a, M m ole/m .2.
F ig. 5 .— T he differential heat of adsorption of ra-hexane vapor at 2 0 °  as a function of surface coverage of graphitized therm al

blacks: (1) M T -1  (3 1 0 0 ° ) ; (2 ) F T  (2 8 0 0 ° ) ; (3) T - l  (3 0 0 0 ° ; .

Figure 3 gives the differential heat of adsorption 
of benzene as a function of the surface coverage on 
the graphitized thermal blacks. All samples exhibit 
an initial region of enhanced heats, connected per­
haps with penetration of the benzene molecules into 
grain boundaries of the single crystals of graphite. 
However, this region is small. Beginning with 9 =  
0.1, the heat of adsorption is nearly constant to 
6  =  0.9, after which it falls sharply in accordance 
with the transition to predominantly multilayer 
adsorption. The interpolated numerical data for 
the construction of this curve are given in Table IV. 
Extrapolating to zero coverage, we find 10.15 
kcal./mole for Q&. In a previous publication,12 
we have reported 10.2 and 10.3 kcal. for 9 =  0 and 
9 =  0.5. These experimental values for the dif­
ferential heats are in agreement with the value
10.3 kcal./mole calculated from theory.1 It is ob­
served from Fig. 3 that the net heat of adsorption is 
nearly constant over the monolayer, being 2.15 
kcal./mole. It is further of interest that the net 
heat in the second layer is virtually constant at a 
value of 0.15 kcal./mole. Thus the adsorption of 
benzene at 20° on the basal face of “ graphite” in the 
region of first and second layer coverage provides 
an example of a constant net heat, consistent with a 
basic assumption of the BET theory.

Adsorption and Heat of Adsorption of /¿-Hexane 
Vapor.— Figure 4 gives the absolute adsorption iso­
therms of hexane. The points for the three 
adsorbents MT-1 (3100°), FT (2800°) and T -l 
(3000°) lie on nearly a single curve, although it 
may be noted that for the sample with the most 
homogeneous surface, Sterling M T (3100°), the 
points in the initial region lie somewhat lower,

Table I V

The Values of Differential Heat of Adsorption of 
Benzene at 20° for Various Coverages of the Basal 

Face o f  Graphite
cc,jumole/m.2

Qa,kcal./mole
Of,jumole/m.2

Q, akcal./mole
a,/zmole/m.2

Qa,kcal./mole
0.2 (10.3) 3.2 10.38 5.5 8.50
0.6 10.20 3.6 10.30 6.0 8.35
1.0 10.22 4.0 10.00 7.0 8.30
1.4 10.25 4.4 9.55 8.0 8.30
2.0 10.28 4.8 9.05 9.0 8.30
2.6 10.33 5.2 8.70 10.0 8.30

while in the region of sharp inflection of the iso­
therm, about 9 =  0.7-0.9, they lie somewhat above 
the points for Sterling FT (2800°) and the some­
what less homogeneous sample T -l (3000°). The 
data for Sterling AIT (3100°) are closest to the 
absolute isotherm. Similar conclusions have been 
arrived at for adsorption of ammonia on this 
adsorbent.9 For this reason, these data were given 
preference in construction of the absolute isotherm. 
The interpolated data for construction of this 
absolute isotherm are given in Table V.

The region of initial decline of the heats of ad­
sorption, as shown in Fig. 5, extends to 9 =  0.1. 
Following this decline, they rise perceptibly in 
an approximately linear fashion and attain a 
maximum at 6  =  0.9. They then fall off sharply 
in accord with a transition to predominantly multi­
layer adsorption. The numerical data for con­
structing this curve are given in Table VI.
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T a b l e  V

Absolute Values of Adsorption of k-Hexane on the
Basal Face of Graphite at 20°

T h e surface is determ ined from  nitrogen a t 0— 195° by the  
B E T  m ethod, using a m — 16.2 A.2

p/p,
tt,

Mmole/
m .2 p /p s

a,
Mmole/

m.2 P/Ps

a,
Mmole/

m.2

0.0001 0.12 0.004 2.63 0.35 4.79
.0002 0.23 .005 2.73 .40 5.18
.0004 0.48 .01 2.98 .45 5.61
.0006 0.79 .02 3.17 .50 6.06
.0008 1.10 .03 3.26 .55 6.58
.0010 1.38 .04 3.33 .60 7.00
.0012 1.62 .06 3.44 .65 7.51
.0014 1.82 .08 3.52 .70 8.09
.0016 1.97 .10 3.60 .75 8.77
.0018 2.10 .15 3.77 .80 9.63
.0023 2.31 .20 3.97 .85 11.0
.0028 2.43 .25 4.21 .90 13.5
.0034 2.54 .30 4.46

Table V I

Values of Differential Heat of Adsorption of n-
Hexane at 20° at Various Coverages of the Basal

Face of Graphite
T he value in parentheses has been extrapolated

<X,
Mmole/ Qa, 

m.2 kcal./m ole

CK,
Mmole/

m .2
Qa,

kcal./m ole

a,
l im o le /

m .2
e ,„

kca l./
mole

0.1 (11.40) 2.6 13.8 4.8 7.90
.2 11.35 2.8 13.10 5.4 8.00
.4 11.50 3.0 12.70 6.0 8.12
. 6 11.70 3.2 11.50 6.6 8.14

1.0 12.08 3.4 10.10 7.2 8.00
1.4 12.40 3.6 9.00 7.8 7.80
1.8 12.75 3.8 8.15 8.4 7.80
2.2 13.03 4.0 7.80 9.2 7.80
2.4 13.13 4.4 7.80 10.0 7.80

The pertinent data from Fig. 5 may be shown as
Coverage

6
Heat of adsorption 

Qa
Net heat 

Q* -  L

0.1 11.3 kcal. 3 .7
.5 12.6 5.0
.9 13.2 5.6

1.5 7.9 0.3
At a coverage of 0.5, the heat of adsorption for n- 
hexane is 12.6 kcal., in good agreement with the 
value 12.4 kcal. calculated from theory.1 At this 
coverage, the heat of adsorption exceeds the heat 
of liquefaction by 65%, while at 1.5 coverage it is 
only 4% higher. However, during filling of the

monolayer, i.e., from a coverage of 0.1 to 0.9, the 
heat of adsorption increases by only 15%. The 
large value of the net heat and relatively small 
increase in the heat of adsorption during filling of 
the monolayer, coupled with a comparatively small 
net heat after completion of the monolayer, is re­
sponsible for the satisfactory manner in which the 
isotherms are described by the BET equation. 
However, the heat of adsorption does increase to a 
significant degree during monolayer coverage due to 
adsorbate-adsorbate interaction, and this is re­
sponsible for the fact that the adsorption isotherm 
is initially convex82 (see data for M T (3100°) in 
Fig. 4). Since the heat of adsorption of w-hexane 
is large and the CH3 and CH2 groups in the mole­
cule can locate over the sites of highest energy in 
the graphite planes {i.e., mid-points of the carbon 
hexagons), the adsorption of n-hexane may be pre­
dominantly localized.

Specific Surface from Absolute Isotherms.—
From the absolute isotherms provided by the data 
of Tables II, III and V, it is possible to obtain the 
specific surface of a carbon black adsorbent by 
measuring only a single adsorption point, a, at 
some convenient relative pressure. The corre­
sponding value of a may be read from the absolute 
isotherm and the specific area, s, obtained from the 
relation s =  a/co83'84 Since the adsorption of n- 
hexane is insensitive to the degree of oxidation 
of the surface, the procedure should apply to all 
blacks as well as to the graphitized samples we have 
studied. This method would not, of course, be 
expected to apply to carbon blacks possessing any 
considerable degree of porosity. The use of n- 
hexane as an adsorbate provides a method not re­
quiring a supply of liquid nitrogen.
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(32) The concave nature of the initial portion of the isotherm, as 
published earlier,8-13 is now attributed to the lower degree of homo­
geneity of the adsorbents then in use.

(33) A. V. Kiselev, Collection of papers "Methods of Investigating 
the Structure of Highly Dispersive and Porous Bodies,”  U.S.S.R. 
Acad, of Sciences Press, Moscow, 1953, P. 86.
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ON PHYSICAL ADSORPTION. XII. THE ADSORPTION ISOTHERM 
AND THE ADSORPTIVE ENERGY DISTRIBUTION OF SOLIDS1

B y  S y d n e y  R o s s  a n d  J a m e s  P. O l i v i e r

Department of Chemistry, Rensselaer Polytechnic Institute, Troy, N. Y.
Received August 17, i960

A  num ber of m odel adsorption isotherms have been com puted, based on the concept of a tw o-dim ensional non-ideal gas 
ty p e  of m obile film adsorbed on a solid substrate that displays a Gaussian distribution of adsorptive energies. T hese models 
were com puted for a num ber of different adsorptive energy distributions of the substrate, designed to  cover m ost physical 
situations. Experim ental adsorption isotherms, chiefly of argon and nitrogen as adsorbates at tem peratures of 7 7 .5  and
90.1  ° K ., were then com pared with the com puted models until the closest interpolated m atch was obtained. T h e  m odel 
of a m obile adsorbed film was found to correspond w ith the observations and to predict correctly the variation of adsorption  
w ith tem perature. A  num ber of different adsorbents are thereby shown to be described adequately b y  a Gaussian dis­
tribution of adsorptive energies. T he present m ethod of obtaining a m easure of the heterogeneity of a solid surface is the  
first yet proposed that provides a m eans of checking its validity , b y  predicting the tem perature variation of adsorption. T h e  
m ethod also provides a new w ay to obtain the m onolayer capacity of a surface, which has hitherto been obtained alm ost 
universally b y  the B .E .T . m ethod.

The heterogeneity of a solid surface must be 
reflected in the distribution of adsorptive potential 
energies that it offers to an adsorbate; and, since 
the measurement of adsorption is now a common 
technique, the hope has been entertained in recent 
years that the adsorption isotherm would be the 
ready means by which some information about this 
elusive property of a surface could be brought to 
light.

The immediate problem is to determine the form 
of the adsorption isotherm for a surface that has a 
distribution of adsorptive energies (f7o). In its 
most general form this problem can be expressed 
as the solution of the equation

e = £ % ( U oM p ,U0) dU„ (l )

where 6  is the relative surface concentration of the 
adsorbate. The fraction, d<5i, of the total surface 
2 that has a potential energy for adsorption 
Uoi is 4 >(Uo) dU0: in other words, </>(t/o)d[/0 de­
scribes the distribution of the adsorptive energies 
that exists for a given adsorbate-adsorbent pair. 
The amount of surface having an adsorptive energy 
Uoi is 2d5;; this patch of surface is treated as 
homotattic2 for adsorption and the whole surface 
is considered as composed of a number of such 
patches, each with its own adsorptive energy. 
The fraction 6 i of a given patch that is occupied by 
adsorbate molecules at a pressure p is given by the 
function \j/{p,Ua)\ in other words, p,U0) de­
scribes the adsorption isotherm for a homotattic 
patch of adsorptive energy U0¡.

Equation 1 is a general expression for the adsorp­
tion isotherm; it becomes a specific description 
only when a choice has been made for the functions 
4>{Ua)dUo and yp(p,Uo). This choice will be de­
termined by the nature of the model that we select; 
and the selection will be determined by what is 
considered to be the description nearest to physical 
reality.

(1) Based on a Thesis presented by J. P. Olivier to the faculty of 
Rensselaer Polytechnic Institute, January, 19G0, in partial fulfillment 
of the requirements for the degree of Doctor of Philosophy. Copies 
of the thesis containing the computed Tables referred to in this paper 
may be obtained from University Microfilms, Ann Arbor, Mich.

(2) The term “ homotattic”  was introduced by Sanford and Ross, 
J. Phys. Chem., 58, 288 (1954), who defined a homotattic surface as 
the surface of a sub-microscopic patch or region, part of a larger sur­
face, which acts as if its structure were uniform and homogeneous.

A number of previous writers3 on this subject 
have solved equation 1 analytically to obtain 
either the distribution function (¡>{Uo)dUo or an 
expression for 6  as a function of p. Their choice 
of model has almost invariably been a localized 
monolayer obeying the Langmuir equation, in 
which lateral interactions are ignored. The popu­
larity of this treatment seems to have its source 
in its mathematical convenience: the Langmuir 
equation provides an explicit relation for 6 , as a 
function of p and Uoi, which is a mathematical 
requirement for the analytical integration of equa­
tion 1, whereas other adsorption isotherm equations 
that might be more attractive on physical grounds 
lack this necessary feature. The choice of dis­
tribution function is also limited by a similar 
mathematical requirement in that it must not 
lead to an intractable integral. Because of these 
restrictions, no analytic solution has yet been 
successfully completed of equation 1 that de­
scribes a model of a mobile adsorbed film on a solid 
surface, taking into account both lateral (or ad­
sorbate-adsorbate) interactions and heterogeneity 
of the substrate. The theoretical description of 
such a model would be very desirable nevertheless, 
as evidence has now accumulated of its relevance 
to physical reality: de Boer4 has shown the many 
implications to be derived from a theoretical 
model of a mobile, two-dimensional non-ideal 
gaseous adsorbed film on a homotattic surface; 
and the experimental findings of Ross and his co­
workers,6 who have selected as substrates for physi­
cal adsorption such near-homotattic solid surfaces 
as those of cube crystals of sodium chloride or 
highly graphitized carbon blacks, have shown how 
closely de Boer’s prognostications came to de­
scribing these systems. These findings clearly 
demonstrate, with a series of increasingly more 
graphitic carbon blacks, that the more uniform 
the surface the more closely can its adsorption

(3) An excellent historical survey (with 155 references) of adsorbent- 
adsorbate interactions and surface heterogeneity in physical adsorption 
has been published by J. M . Honig, Ann. N. Y. Acad. Sci., 58, 741 
(1954).

(A) J. H. de Boer, “ The Dynamical Character of Adsorption,”  
Clarendon Press, Oxford, 1953.

(5) (a) S. Ross and H. Clark, J. Am. Chem. Soc., 76, 4291, 4297 
(1954); (b) S. Ross and W. Winkler, ibid., 76, 2637 (1954); (c) 
J. Colloid Sci., 10, 319, 330 (1955); (d) S. Ross and W. W. Pultz, 
ibid., 13, 397 (1958).
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isotherm be described by an equation based on a 
two-dimensional van der Waals equation of state. 
Toward the real problem, however, this work, 
both in theory and in experiment, is but the first 
step: it does not take us beyond the consideration 
of completely homotattic surfaces, which are 
actually of rare occurrence: each of the common 
solid materials that we employ daily offers a 
distribution of adsorption potentials. For the 
measurement of this distribution, no adequate 
methods have yet been developed.

Writers who have discussed the theory of ad­
sorption3’6 have noted and deplored the absence 
of explicit calculations for the model of a mobile 
adsorbed film on a heterogeneous substrate, while 
admitting the difficulties that beset such an un­
dertaking. Thus Everett6 points out that surface 
heterogeneity plays an important part in determin­
ing the adsorptive behavior of a surface, and is then 
constrained to add: “ No explicit calculation of
the behavior of a two-dimensional gas on a hetero­
geneous surface has, however, been made. For 
localized adsorption the problem is more tractable 
. . . . ”  The idea underlying the present develop­
ment is, therefore, not novel: this work is an at­
tempt to fill a long-recognized gap in the theory of 
adsorption, namely, the description of the behavior 
of a significant model hitherto unexplored.

The present paper reports the results obtained 
by applying a digital computer to the problem: 
by this means, instead of an analytic expression 
for the adsorption isotherm we obtain a series of 
computed isotherms for different values of the 
parameters, which, although less convenient to use, 
can be obtained without the constraint of the 
mathematical restrictions that would otherwise 
limit the forms of the functions $(i7o) and ^(p,t/o).

A large number of mathematical formulations for 
the adsorption isotherm based on different two- 
dimensional equations of state, and for different 
distribution functions are available. While it 
would be naive to assume that our choice of ex­
pressions for <t>(Uo) and ip(p,U0) are necessarily 
precise, we offer them as probable formulations, 
valid as a first approximation if the adsorbed film 
is indeed a two-dimensional gas on a heterogeneous 
substrate.

As a description of the adsorbed film on each 
homotattic surface patch we follow de Boer in 
using an isotherm equation derived from the two- 
dimensional van der Waals equation of state, 
namely

where a and are the two-dimensional van der 
Waals’ constants, which, for isotropic molecules 
that are negligibly polarized on adsorption, can be 
obtained from the familiar (three-dimensional) 
constants a and b by the relation 2  a/¡3 =  a/b. 
K\ is a function of UQl, hence descriptive solely 
of adsorbate-adsorbent interaction, and does not 
include lateral interaction energies; the latter 
are explicitly given by the exponential factor 
2a0i/RTj3. It is assumed that a and /3 do not de­
pend in any way on surface heterogeneity. The

(6) D. H. Everett, Proc. Chem. Soc., 38 (1957).

relative surface concentration 6  is here defined by 
V/Vi3 where Vp is, ideally, the amount adsorbed 
at infinite pressure when the area available per 
molecule equals (3.

If the adsorbed molecules are polarized by  the electric 
field of the surface, or if they otherwise interact with the 
surface, as for example b y  a charge-transfer no-bond 
resonance,te parallel-oriented dipoles are formed that would 
reduce the intermolecular forces of attraction between the 
adsorbate molecules; and hence also reduce the two-di­
mensional van der Waals constant c* which measures these 
forces. D e Boer4 gives the relation:

Ac* =  7rn2/d
where Ac* is the decrease of the value of a from its theoretical 
value, d is the diameter of the adsorbed molecule, and n 
is its dipole moment perpendicular to the surface. These 
dipoles produce another effect: namely, a change in the 
work function of the interface, which is observed as a surface 
potential and m ay be expressed as &<p =  4-/c//S, where 
A¡p is the surface potential.

Unfortunately no experimental results have yet been ob ­
tained for surface potentials at graphite-adsorbate inter­
faces. Mignolet7 found 0.03 volt for the surface potential 
o f argon on nickel. I f  the same value is assumed for the 
graphite-argon interface, the surface-provoked dipole of 
argon would amount to  0.01 debye, and the lowering of a 
would be only 0.025%. Even if the surface potential 
were ten times greater, the lowering of a would amount to 
2.5%. It therefore seems quite reasonable to suppose that 
for argon, nitrogen and other gases of low polarizability, 
the constants c* and 0 can be derived from their three- 
dimensional van der Waals constants without serious error. 
Undoubtedly this assumption would not be reasonable for 
an adsorbate such as benzene, where there would enter not 
only high polarizability but a possible geometric factor 
as well.

For the distribution of adsorptive potentials of 
the whole surface we have selected the Gaussian 
probability function, viz.

f i  =  dSi =  <t>(U0) dUo =  1 exp — [y(Uoi -  I V ) 2 d U0]

(3)
where C70 is the average adsorptive energy and y 
determines the width of the distribution; n is the
normalizing factor required to make J'J do; =  1.

For purposes of theory an adsorption energy 
function that is characteristic of the system and 
independent of temperature is desirable: such a 
quantity, which we term Uo, is conveniently de­
fined by the potential energy difference between 
the lowest energy state of a molecule in the gas 
phase and its lowest energy state in the adsorbed 
phase, both at infinite dilutions. The considera­
tion of potential energy changes on adsorption is 
not required for a thermodynamic description of 
the process; but in this way we do obtain a quan­
tity that is independent of the kinetic states of the 
molecule in either phase and that measures most 
directly the adsorptive potential of the system.8

(6a) R. S. Mulliken, J. Am. Chem. Soc., 74, 811 (1952); P. M  
Gundry and F. C. Tompkins, Trans. Faraday Soc., 56, 846 (1960).

(7) J. C. P. M ignolet, “ Chemsorption,”  ed. W. E. Garner, Butter- 
worths, London 1957, p. 118.

(8) For flexib ility and clarity we have adopted the following system 
of symbols; the four positions around a letter-symbol, corresponding 
to the anterior and posterior superscripts and subscripts, are reserved, 
respectively, for designations of concentration, quality, phase and 
temperature (°K .), as

concentrations ^quality

phase^ ^temperature
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0 1.0 2 .0  3 .0  4 .0  5 .0
Ua, k cal./m ole .

Fig. 1.— Gaussian adsorptive energy distribution curves for 
several values of 7  (equation 3 ).

F ig. 2 .— Com puted isotherms for argon adsorbed as a 
m obile film at 7 7 .5 °K ., corresponding to the distribution  
curves shown in F ig. 1.

To develop this function, let gPads be the poten­
tial energy per mole for adsorption of a molecule 
in the gas phase; then, for an ideal gas, the total 
energy per mole, kinetic and potential, of a mole­
cule in the gas phase, e°E, is given by 

e°E  =  gPad» +  E E kin

where gEkm is the total kinetic energy per mole of 
a molecule in a gas: thus, sE}in = Z/2RT for an 
ideal monatomic gas. Let aJtvib be the average 
vibrational energy per mole of a molecule in an 
adsorbed film; then for a mobile adsorbed film, 
the total energy (excluding interaction) per mole of 
a molecule in the surface film, &°E, is given by 

a °E =  a£ vib +  a£Jkin

where ai?kin is the kinetic energy of translation and
We are obliged to add to this rule the well-established mathematical 
convention of the running index in the lower-right postion; e.g., x\ 
for the ith value of x, and extend it to include particular values of a 
variable, e.g., pe for critical pressure.

rotation of the adsorbed molecule. The total 
energy change on adsorption is

g°E  -  a°E =  (eP ad» -  a£ vib) -  a E kin

where
AEkin =  rEkin — gE kin

then
r°E -  a°E =  (gP ada -  aPovib) -  (aPvib -  aPovib) -  AE kia

where al?0vib is the zero-point vibrational energy of 
the adsorbed molecule, equivalent to V2 Nhv 
where v is the vibrational frequency of the adsorbed 
molecule with respect to the surface. We defined 
U0 as the difference in energy of a molecule in its 
lowest energy state in the gas, i.e., when sEkin =  
0, and its zero-point vibrational level, aJ?ovib on 
the surface; therefore

U0 =  gPads -  aPoTib;
and

g°E -  a°E =  Uo -  (aP vib -  aPoTib) +  A P kin (4 )

For use in the com puter, equation 1 is treated as a sum ­
m ation of finite term s: the infinitesimal dUo becom es the  
finite interval AJ70; hence, the infinitesimal fraction din 
becomes the finite fraction A<h w ith an adsorptive energy 
UoV, the whole surface is considered to  be the sum  of 50  
hom otattic patches. E quation 1 then becomes

so
6 =  £  A S A  (5)

i =  l
T o  get the com puted isotherm , each finite surface patch  

is treated as an individual hom otattic surface of adsorptive  
energy Uoi for which the am ount adsorbed, 0: a t a pressure 
p, can be calculated b y  equation 2  using

Ki =  A 0 exp( — Uoi/RT) (6 )

T he quantity A 0 introduced in equation 6  is defined later 
in equation 17. A  num ber of Gaussian adsorptive energy 
distribution curves, calculated b y  equation 3 , for several 
values of 7 , are shown in F ig . 1. In  F ig . 2 we report a 
num ber of com puted isotherms for argon adsorbed as a 
m obile film at 7 7 .5 ° K . (2a/RTfi =  6 .5 1 ) , corresponding 
to the distribution curves shown in F ig . 1 . T h e  shape of 
the adsorption isotherms shown in F ig . 2 can be seen to 
depend on the following param eters: Vp, which defines 
8; 7 , which determines the w idth of the distribution curve; 
and K ', defined b y

K ' =  A°e-U„'/RT ( 6a )

where Uo' fixes the location of the m axim um  of the distribu­
tion curve. T he fam ily of curves shown in F ig . 2 va ry  in 
shape from  the sigm oidal-type that is characteristic of 
near-hom otattic surfaces to  the convex-type usually as­
sociated w ith the Langm uir equation, but which now can 
be seen to  arise as a possible description of a m obile ad­
sorbed film on a heterogeneous surface. A lm ost any ex­
perimental isotherm  can be expected to m atch one of these 
curves; the real test of the theory, therefore, is not so 
m uch the fitting of the data alone but also the reasonableness 
of the constants: (a ) as determined b y  their ability to 
predict the variation of adsorption w ith tem perature; 
(b ) as revealed b y  the value of F/s, the m onolayer capacity, 
compared w ith other estim ates; and (c) as compared  
w ith other known characteristics of the surface, such as the 
m agnitude of the heat of adsorption or the degree of hetero­
geneity, which m ay  be known qualitatively as a result of 
purposeful efforts to  obtain a uniform  surface, as illustrated  
b y  the series of increasingly graphitic carbon blacks (P -3 3 ), 
quoted below .

T he com puted isotherms differ from  experim entally  
obtained isotherms in that they record the variation of 
p/K' w ith 8 rather than the experimentally observed p vs. V. 
T h e purpose of m atching experimental w ith m odel isotherm s 
is to obtain the appropriate values of K ', Vp and 7  th a t will 
bring the experimental isotherm  into coincidence w ith one 
of the m odel isotherm s. T he process of m atching is purely  
one of trial and error, although b y  the adoption of simple 
graphical techniques m uch labor is avoided.
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Table I

Parameters Derived from Comparisons of Experimental Data with the Model of a Mobile Adsorbed Film

Adsorbent
Ad­

sorbate
Temp.,

° K

Vß
oc.

(STP)/g.
Vm

reported
Ref. 

to Vm 
reported

Method of 
Vm. reported y K '

Uf
calcd.

U'
obsd.

d,
e. u.

M T (3 1 0 0 ) Argon 7 7 . 5 2 .3 240 1 .8 9 2 . 1 2 2 . 0 2 1 . 2
M T (3 1 0 0 ) Argon 9 0 .1 2 .2 240 1 4 .8 2 .1 4 2 . 0 2 1 . 4
P -33(2700) Argon 7 7 .5 3 .6 8 3 .6 0 5(d) Point B 170 1 .9 0 2 .1 2 2 . 0 1 1 . 3
P -33(2700) Argon 9 0 .1 3 .6 8 3 .4 6 5(d) Point B 170 1 4 .8 2 .1 4 2 . 0 1 1 .5
P -33(2700) N itrogen 7 7 .5 3 .1 5 2 .8 6 5(d) Point B 120 1 .3 0 2 .1 3 2 .0 3 1 . 2
P -33(2700) N itrogen 9 0 .1 3 .1 5 2 .7 2 5(d) Point B 120 1 0 .3 2 .1 5 2 .0 3 1 . 4
P -33(2700) K ryp ton 9 0 .1 3 .4 1 2 .9 4 5(e) Langm uir 330 0 .4 5 2 .8 2 3 .5 0 - 7 . 5
P -33(2000) Argon 7 7 .5 3 .6 5 3 .6 0 9 Point B 100 1 .9 2 2 .1 2 2 .1 3 - 0 . 1
P -33(2000) Argon 9 0 .1 3 .7 0 100 1 5 .7 2 .1 3 2 .1 3 0
P -33(2000) N itrogen 7 7 .5 3 .1 0 2 .9 0 9 Point B 70 1 .1 3 2 .1 5 2 .0 9 0 . 7
P -33(2000) N itrogen 9 0 .1 3 .0 5 70 9 .6 2 2 .1 7 2 .0 9 . 9
P -33( 1500) Argon 7 7 .5 3 .7 3 .5 0 5(d) Point B 30 2 .2 8 2 .0 9 2 .0 5 . 5
P -33(1500) Argon 9 0 .1 3 .6 30 1 7 .8 2 .1 1 2 .0 5 . 7
P -33(1500) N itrogen 7 7 .5 3 .1 2 .9 5 5(d) Point B 20 1 .3 9 2 .1 2 2 .0 7 .6
P -33 (1500) N itrogen 9 0 .1 2 .9 20 1 0 .2 2 .1 5 2 .0 7 .9
P -33 (1000) Argon 7 7 .5 3 .6 0 3 .5 0 5(d) Point B 8 .5 2 .8 8 2 .0 6 2 .1 3 -  .8
P -33 (1000) Argon 9 0 .1 3 .6 0 3 .3 6 5(d) P oint B 8 .5 2 5 .0 2 .0 5 2 .1 3 -  .9
P -33(1000) N itrogen 7 7 .5 3 .1 5 3 .0 0 5(d) Point B 6 .0 1 .9 6 2 .0 6 2 .1 2 -  .7
P -33(1000) N itrogen 9 0 .1 3 .1 5 2 .8 5 5(d) Point B 6 .0 1 6 .9 2 .0 6 2 .1 2 -  .7
P -33(1000) K ryp ton 9 0 .1 3 .1 2 2 .8 3 8 Point B 16 0 .5 0 2 .8 0
B N (P u ltz) Argon 7 7 .5 5 .8 6 5 .0 6 5(d) Langm uir 310 8 .8 6 1 .8 8 1 .8 5 .4
B N (P u ltz) Argon 9 0 .1 5 .1 1 4 .2 6 5(d) Langm uir 310 6 0 .0 1 .8 9 1 .8 5 .5
B N (P u ltz) Nitrogen 7 7 .5 4 .8 5 4 .2 3 5(d) Langm uir 220 7 .1 8 1 .8 6 1 .8 4 .2
B N (P u ltz) N itrogen 9 0 .1 4 .7 0 3 .7 0 5(d) Langm uir 220 4 8 .0 1 .8 7 1 .8 4 .4
B N (W in k ler) N itrogen 7 7 .5 3 .1 2 2 .7 8 10 Langm uir 70 7 .1 8 1 .8 6 1 .8 4 .2
B N (W in k ler) N itrogen 9 0 .1 3 .1 2 70 4 8 .0 1 .8 7 1 .8 4 .4
Linde 1 3 X Argon 7 7 .5 196 185 11 B .E .T . 22 0 .2 2 3 2  46 2 .2 4 2 .8
Linde 1 3 X Argon 9 0 .1 196 1 2 ,1 3 22 2 .1 8 2 .4 8 2 .2 4 2 .8
D iam ond Argon 7 7 .2 0 .9 5 0 .3 2 7 14 B .E .T . 3 330 1 .3 2
D iam ond Argon 9 0 .0 1 .0 0 3 1500 1 .3 2
D iam ond N itrogen 7 7 .2 0 .8 6 .3 5 0 14 B .E .T . 2 480 1 .2 1
D iam ond N itrogen 9 0 .0 0 .8 6 2 1850 1 .2 2
R utile Argon 85 3 3 .3 1 9 .4 15 B .E .T . 2 6 3 .5 1 .7 6 1 .7 2 0 .5
R utile Oxygen 100 3 4 .1 2 0 .6 15 B .E .T . 2 325 1 .7 7 1 .9 1 - 1 . 4
Anatase Argon 7 7 .5 4 .1 6 2 3 3 .0 1 . 6 8

T h e m odel isotherm s corresponding to  the given value  
of 2a/RT@ chosen for the adsorbate and tem perature re­
quired are plotted on a large sheet of rectangular coordinate 
paper as In p/K' vs. In 6 for the series of 7  values. T he  
experimental isotherm  is plotted w ith the sam e scale on a 
separate sheet of paper as In p vs. In V. T h e tw o sheets of 
graph paper are superimposed so th a t the axes are parallel 
and the curve for the experimental points is interpolated  
within the fam ily  of m odel isotherm s. T h e  positioning of 
the curve is done b y  eye. T h e  regularity and closeness of 
the points of intersection of the m odel isotherm s near 0 =  
0 .4  provides an additional aid to  the proper positioning. 
One usually finds an unam biguous location for the experi­
m ental curve. In  F ig . 3 is shown a num ber of these plots 
of the m odel isotherm s and a superimposed experimental 
isotherm  in its proper interpolated position. T h e  X - Y  
displacement of the origin of the experimental graph rela­
tive to  th a t of the graph of the models measures the scale 
factors that are required to  bring the tw o sets of axes into  
coincidence. T hus the distance between the In p axis and 
the In p/K' axis, which is the displacem ent in the Y  direc­
tion of the tw o graphs, is equal to  In Vp; sim ilarly, the  
distance between the In V  axis and the In 6 axis, which is 
the displacement in the X  direction, is equal to  In K ’ . 
T he third parameter 7 is obtained b y  the interpolated posi­
tion of the experimental curve within the fam ily  of m odel 
isotherm s.

The parameters 7, Vp and K', derived from 
comparisons of experimental data with the model 
of mobile adsorption, by fitting each particular 
isotherm separately within the appropriate family

Fig. 3 .— M odel isotherms (solid lines) and a superposed  
experimental isotherm (dashed line) in its proper interpolated  
position.

of model isotherms, are reported in Table I. 
The adsorbent designated MT(3100) is a carbon 
black graphitized at 3100°; the designation P-33 
refers to another carbon black graphitized at 
centigrade temperatures indicated in parentheses. 
The designation BN refers to boron nitride, of 
which two different samples have been investigated. 
Linde 13X is a synthetic zeolite “molecular sieve’»

00 05 N N
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F ig . 4 .— Com parison of experim ental adsorption iso­
therm s (individual points) with the theoretical description  
of a  m obile adsorbed film (solid line). T h e  parameters 
used for the calculated curve are reported in T able I.

manufactured by Linde Co. As illustrations of the 
precision of the theoretical description we submit 
Figs. 4 to 10. In these diagrams the solid curve is 
derived from model isotherms that were specially 
computed for the determined parameters, which are 
listed in Table I. The circles represent experi­
mental points.

Comparisons between experiment and theory 
are illustrated by means of two isotherms at dif­
ferent temperatures, which are computed specially 
for the values of y, K ' and I7» already obtained by 
the graphical interpolation method described above. 
The invariance of y, Vp and U'o over the short 
temperature range of the experiments is a re­
quirement of the theory; and, when actually 
confirmed on comparison of the experimental and 
computed isotherms, creates confidence in the 
values obtained. In Table I we include for this 
comparison 16 different pairs of isotherms, each 
pair being isotherms at 77.5 and 90.1°K. for either 
argon or nitrogen as adsorbate on a given adsorb­
ent. The agreement of the constants y, Va 
and U' (calculated) for each pair is seen to be 
excellent. Also included in Table I are a few 
isotherms that are of interest chiefly because they 
refer to adsorbents that have received attention 
in important papers by other workers, although 
suitable data are not available at two temperatures.

T h e values of Va for the various adsorbents th a t are re­
ported in T able I  usually differ b y  less than 2 0 %  from  esti­
m ates of “ F m ”  that have been derived for the sam e samples 
b y  other m ethods such as the point B  m ethod18 or the B .E .T .  
equation.17 T h is comparison is included in T ab le  I .  
T h e present m ethod of deriving Vp is free from  the rather 
erratic changes w ith the tem perature of adsorption that  
are occasionally so distressing in the determ ination of 
“ F m. ”  B oth  Va and “ V m”  measure the surface area of an 
adsorbent; their use to  determine this quantity  requires 
different values for the cross-sectional area of the adsorbed  
m olecules: th u s, for exam ple, for argon 0  =  13 .6  A .2; 
co, as used for the B .E .T .  m easurem ent, is 14 .6  A .2 at  
77 ° K .  and 1 5 .6  A .2 at 9 0 ° K .

T he m onolayer capacity of a solid surface, as determ ined  
b y  the present theory, would not be expected to  show a  
large tem perature coefficient since it is dependent on the  
tw o-dim ensional van der W a a ls ’ (9, hence on the collision 
diameters of the adsorbate m olecules. In  the tem pera­
ture interval of 12 degrees, between 78  and 9 0 ° K . ,  the 
change in Vp (probably less than 1 % )  w ould be unm easur­
able. N othing in the present theory links Vp w ith the  
liquid density: the tem perature dependence of the distance 
of closest approach of adsorbed molecules a t infinite pres­
sure is m uch less than would be inferred from  the tem pera­
ture dependence of the density of the liquid.

W e  can dem onstrate, b y  using the m odel isotherm s as 
though th ey represented actual experimental data , th a t an 
application of the Langm uir equation yields a value of 
“ Vm”  that is smaller than the value of Vp used to  generate 9 10 11 12 13 14 15 16 17

(9) W. W. Pultz, Ph.D. Thesis, Rensselaer Polytechnic Institute, 
1958.

(10) W. Winkler, Ph.D. Thesis, Rensselaer Polytechnic Institute, 
1955.

(11) R. M. Barrer and W. I. Stuart, Proc. Roy. Soc. {London), 
249A, 404, 484 (1959).

(12) E. S. Chen, unpublished results, R.P.I. laboratory.
(13) E. W. Albers, unpublished results, R.P.I. laboratory.
(14) V. R. Deitz, unpublished results, National Bureau of Standards.
(15) J. A. Morrison, J. M. Los and L. E. Drain, Trans. Faraday Soc., 

47, 1023 (1951); L. E. Drain and J. A. Morrison, ibid., 48, 840 (1952); 
49, 654 (1953).

(16) S, Brunauer and P. H. Emmett, J. Am. Chem. Soc., 5 7 ,  1754 
(1935); P. H. Emmett and S. Brunauer, ibid., 59, 1553 (1937).

(17) S. Brunauer, P. H. Emmett and E. Teller, ibid., 60, 309 
(1938).
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the curves; and that the discrepancy becomes greater 
as the surface is more heterogeneous ( i.e ., lower values of 
y). The model isotherms will give a straight Langmuir 
plot (p/V vs. p ) above 0.4 coverage: the values of “ Vm,”  
however, derived from the straight lines are always too 
low, ranging from about 88% of the correct value for the 
less heterogeneous substrates down to 75% of the correct 
value for the most heterogeneous substrate. These findings 
are of value to future investigators as they reveal the dis­
quieting fact that the Langmuir equation can be used to 
describe isotherms derived from a totally different model, 
and that the constants thereby determined, which include 
the important one of monolayer coverage, Vm, are always 
seriously in error. Nothing could be further removed 
from the present model than the Langmuir model: the 
former postulates interaction, heterogeneity of substrate 
and a mobile adsorbed film; whereas the latter postulates 
no interaction, homogeneity of substrate and a localized 
adsorbed film. We have here the clearest possible proof 
that merely to find data that fit the Langmuir equation 
cannot be accepted as any indication that the Langmuir 
model is a description of the physical situation. Since 
the B .E .T. theory is based on the Langmuir equation, we 
expect to find, as indeed in all instances we do find, that the 
B.E.T .-derived value of “ Vm”  is lower than our Vp; and 
that this discrepancy is the greater with the more hetero­
geneous substrates.

The adsorptive energy distribution of a solid 
surface has been mentioned by previous authors 
and a number of such distribution curves, based 
on one method or another, have been published. 1 8  

Where these distributions of potential energies 
have been determined for the same surface at 
different temperatures the answers that were 
proffered were not constant: this is a sure indi­
cation of an error inherent in the method. In no 
case, moreover, has any means been provided that 
would furnish an independent check of the pro­
posed distribution. The present method offers 
the possibility of such an independent check, 
as the distribution curve derived from one ad­
sorption isotherm can be used to predict adsorp­
tion isotherms at other temperatures. These pre­
dictions are confirmed in so many experimental sys­
tems that the distributions assigned can be claimed 
with a high degree of probability to represent a 
real physical property of the adsorbent surfaces.

We cannot offer any external or independent 
comparison of the values of y  assigned to the ad­
sorbents in Table I, since this is the first time that 
surface heterogeneity has been measured in terms 
of a Gaussian distribution; nevertheless the values 
of y  give reasonable widths to the distribution 
curves, as measured by the relation

r =  477n/ I7t

where one-half of the surface is within ±  r  calories 
of the mean value U '(!. In addition, the sequence 
of the values of y  for the graphitized carbon blacks 
shows the expected trend toward surface uni­
formity with increasing temperature of graphiti- 
zation.

We shall now relate Ua to the more familiar 
heats of adsorption: r/difl, the differential heat of 
adsorption, and qat, the isosteric heat of adsorp-

(18) (a) W. D. Harkins and R. S. Stearns, J. P h y s .  C h em ., 58, 292 
(1954); (b) Ref. 15 above; (c) J. J. Chessick and A. C. Zettlemoyer, 
J. P h y s .  C h em ., 62, 1217 (1958); (d) J. P. Olivier and S. Ross, “Second 
International Congress of Surface Activity,“  Vol. 2, Academic Press, 
Inc., New York, N . Y „  1957, pp. 46-53 and p. 208; (e) S. Umeda, S. 
Teranishi and K . Tarama, B u ll . I n s t .  C h em . R esea rch , K y o to  U n it .,  
32 ,109 (1954); (f) J. M. Honig and L. H. Reyerson, J. P h y s . C h em ., 56, 
140 (1952).

ci 240 —

0.04 0.08 0.12
Pressure (mm.).

Fig. 8.— Same as Fig. 4.

0.16 0.20

0 0.10 0.20 0.30 0.40 0.50
Pressure (mm.).

Fig, 9.— Same as Fig. 4.

0 0.2 0.4 0.6
e.

Fig. 10.—Isosteric heat curves for argon adsorbed on car­
bon blacks, as calculated by the computer from values of 
7, v /3 and K ’ (reported in Table I) by the present theory 
(solid line), compared with the isosteric heats calculated 
by the Clausius-Clapeyron equation from the experimental 
isotherms (individual points).

tion; which have been defined and discussed by 
Hill. 1 9

and
qBt — qditt _j_ (7)

For the particular case of a two-dimensional van 
der Waals’ gas as the adsorbed phase, and a homo- 
tattic substrate

rdGAEn “  
L J T.s

O'
~ß

(8)

(19) T. L. Hill, J. Chem. Phys., 17, 520 (1949).
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hence
gdi« =  gP E  — a eE  + ad

1
Integrating equation 8  between limits

a S B  „
de

hence

rJ E  a re
I A t m  =  -  -

Jons ß JO

J>E =  a°Æ -

(9)

(10)

Combining equation 10 with equations 4, 7 and 9
gives

2 ad
qa a°-B 4— -ß- — Uo (a-ËTib -  aÆ0',ib) -

A E ^ + ^ J  (11)

and
i f1 =  gdiff +  R T  =  Uo -  (a£vib -  aUovib) -

+  S T  +  (12)

if we assume that gvE  =  g0#  (true for most gases).
Considering now heterogeneous surfaces as de­

fined by the computed model, by use of the relations
TV»* = X )A MiUoi

and
Uo =  AUoint/A0

the computer can produce both integral and dif~ 
ferential adsorptive energies, Uoint and U0, respec" 
tively, as a function of 6. Similarly, the differential 
heat of lateral (adsorbate-adsorbate) interaction 
on an heterogeneous surface is given by

y  .-2 a  2affEASiöi j  =  - J

For the heterogeneous surface, therefore, the 
definitions give by equations 1 1  and 1 2  become

qdiff =  Uo -  (a£ " ib -  a£ovib) -  A ( 1 1 A )

and

q“  =  Uo -  (a£>ib -  ailoTib) -  A E ^  +  R T  +  - ~
p

(12A)
Our experience with the computed isotherms has 

shown us a useful mathematical approximation: 
namely, that at 6 =  0.4, IT0 =  U'o (see Fig. 2). 
If experimental isotherms are measured at two 
temperatures not too far apart, the isosteric heat 
corresponding to U 'o, which we designate qst 
at 6 =  0.4, then can be determined with sufficient 
accuracy by the Clausius-Clapeyron equation

0.4)- [* (Y S sO O ® )]
Then, by equation 12A

U'o =  q*‘ (at 0 =  0.4) -  R  +

(aBvib -  „#0vib) +  AE ^  (13)

Wo do not at present, for the adsorption systems 
listed in Table I, have sufficient information to 
calculate U 'o  exactly by the above equation. For 
our present purpose, therefore, we shall make the

following assumptions: (a) at the low tempera­
tures referred to in Table I the adsorbed molecules 
are mostly in their ground state of vibration; hence

a£vib =  a-Bovib (14)

(b) the translational energy per mole of a molecule 
in the gas phase is given by z/z R T ,  and in the ad­
sorbed phase by 2/ i R T ;  that is, the adsorbed phase 
behaves as a two-dimensional gas: further, for 
argon, nitrogen and oxygen we make the reason­
able assumption that no change takes place in the 
rotational energy on adsorption; therefore

= — g R T

Equation 13 then becomes 

U ’o =  q.‘ (at e =  0.4) — \ R  ( j r q r jfr)

(15)

0.8a
(16)

These approximate values of U 0', calculated by 
equation 16, are listed in Table I, where available, 
as V (observed).

Using the values of y ,  V p  and Unobserved) 
determined for argon on P-33 (2700°) and P-33 
(1000°), reported in Table I, the computer gives 
us Uo, and hence, by equations 12A, 14 and 15, 
gives us qst as a function of 9. These computed 
isosteric heats are shown in Fig. 10 by the solid 
lines; the observed isosteric heats determined 
from the adsorption isotherms are shown in the 
same diagram as individual points. The agree­
ment between the heat curves predicted by our 
model and those observed is again striking, and 
shows that the parameters obtained by our method 
of curve-fitting are not merely empirical quantities 
but quantitative measurements of physical con­
stants of the system.

For further comparisons, the theory will provide 
us with a U 'o from the determined value of K '  
only if we have a correct value of A 0 to insert in 
equation 6 A. For the mobile adsorbed film of 
isometric molecules adsorbed on any homotattic 
patch of the surface, as described by equation 2 , 
A °  is given by the relation

In 4 ° AS, AE«» . e3 
R  +  R T  1 -  0, +  In p,

(17)
In this equation, A S s is the standard differential 
entropy change between the gas molecules in 
their standard state (ps) and the adsorbate in its 
standard state (0S). For these standard states 
we follow de Boer and Kruyer20 in putting d3 =  
/J/4.08T and p s =  1 atm. AUkin is the kinetic energy 
change of the adsorbate molecules on transferring 
from the gas to the adsorbed state; we shall again 
assume A E kin =  — 1/ iR T .

AS a also should take into account the loss of 
translational and rotational degrees of freedom, 
as well as any vibrational entropy in the adsorbed 
state; i.e .

AS, = AiS,tr +  AlS,rot +
For the systems and temperatures we consider 
here ASsrot and a/Svib are neglected by analogy with

(20) J. H. de Boer and S. Kruyer, Koninkle. Ned. Akad. Wetenschap.
Proc., 55B, 451 (1952); 56B, 67, 236, 415 (1953); 57B, 92 (1954);
68B, 61 (1955).
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the energy terms, as a good approximation; AS stT is 
calculated by the application of the Sackur- 
Tetrode equation to give4

-  A&X =  In M  +  In T +  2.31

For argon at 77.5°K , A S s =  AS str =  —10.3 e.u.; 
hence, by equation 17, A 0 =  1.67 X 106 mm.; 
the corresponding calculation for nitrogen at 
77.5°K. yields A 0 =  1.40 X 106 mm. By means 
of these idealized values of A 0 and the experiment­
ally determined values of K '  we can use equation 
6 A to obtain an approximate value of U 0', which is 
listed in Table I as ¿/'(calculated).

The difference between the values of U ' , cal­
culated and observed, measures the departure of 
the behavior of the actual adsorbed film from the 
idealized concept of the kinetic state of the adsorbed 
molecule. We express this deviation in Table I, 
for the systems where the requisite data are avail­
able, as

j    / /  (calcd) l/'cobsd) . r, , rtG rp rjj A£>s(obsd) AiJs(model)

Where — A»S3 (obsd) is less than — A$3 (model) 
the difference can be ascribed to entropy of vibra­
tion of the adsorbate molecule with respect to the 
surface, although other factors exist that influence 
the entropy. The limited temperature range of 
the data considered in Table I does not allow our 
pressing too rigorously the significance of these 
relatively slight deviations of entropy. The close­
ness of AiS8 (obsd) to AtSs (model) is, however, a 
reflection once more of the validity of the present 
model as a description of these systems.

The adsorptive energy distribution may not 
have a form that is symmetrical about a mean; 
it could possess enough asymmetry to defy de­
scription by means of the Gaussian equation 4. 
Examples of this type have been discovered2 1  and 
will be reported later.

Acknowledgment.— The authors gratefully ac­
knowledge a grant-in-aid of this research from 
Esso Research and Engineering Company, Linden,
N. J.
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The magnetic susceptibilities of specimens of MnO, MnSe and MnTe were measured by a Faraday method at tempera­
tures from 300 to above 1200°K. Using only the data above 600°K., the values of Cm and 9 in the Weiss-Curie relationship 
were obtained. The Curie constants for both MnO and MnSe were less than the theoretical spin only value of 4.38. It 
is suggested that the low value of Cm is due to the overlap of 3d electrons on adjacent Mn + + ions with partially compensating 
spins.

I. Introduction
A recent determination of the high temperature 

magnetic susceptibility of sintered MnS has given a 
value of the Curie constant of 3.94 in the region 
between 675 and 1244°K.2 This is considerably 
below the 4.38 expected for five unpaired electrons. 
An examination of the published data for the other 
antiferromagnetic compounds of manganese and 
the Group VI elements indicated a possible down­
ward trend in the value of Gm for the members of 
this series with increasing chalkogen atomic weight.

However, in most cases the susceptibility meas­
urements on these compounds were made at tem­
peratures less than 500°K. There is some doubt 
as to whether the results were sufficiently far above 
the Ndel temperature to validly fit the Weiss-Curie 
equation. It seemed worthwhile, therefore, to 
determine the magnetic susceptibilities of this 
family in the region above 600°K. to obtain values 
of C m to compare with that recently determined for 
MnS.

II. Experimental
A. M easurem ent of Susceptibilities.— Susceptibilities 

were determined by a Faraday method3 3 using a Sartorious

(1) Assisted by a grant by  the National Science Foundation.
(2) J. J. Banewicz, R . F. Heidelberg and R . Lindsay, P h ys. Rev.,

I l l ,  736 (1960).

balance as previously described. Instead of using sintered 
specimens, powder samples ranging from 60 to 120 mg. were 
sealed in evacuated Vycor capsules in the shape of miniature 
Florence flasks. The diamagnetic susceptibilities of several 
empty capsules were determined to evaluate the magnitude 
of the capsule corrections to be applied. In all cases the cor­
rections were less than 1% . Measurements were made at 
field strengths of approximately 800 and 1500 Oersteds cor­
responding to values of H(dH/dx) from 1 to 5 X  105.

B. Preparation of Samples.— M nC03 has been reported 
to decompose to form MnO at around 500° in the absence of 
air. Either because of traces of moisture in the M nC03 or 
the reduction of C 0 2 to CO by the M n03,4 the green oxide 
formed in this fashion was visibly contaminated by traces 
of brown higher oxides. Therefore the decomposition of 
M nC03 was caused to take place at around 600 in a stream of 
oxygen-free hydrogen. The resulting compound was a fine 
powder, greyish green in color. An analysis of two different 
batches gave 77.1 and 77.4 as the %  Mn present, as com­
pared with 77.4% theoretical. The active oxygen in both 
batches was found to be less than 0.1% . It is interesting to 
note that after twelve months storage in a stoppered test- 
tube the per cent, active oxygen in one of the batches was 
only about 0.2% . The MnO was found oto have the NaCl 
type structure with “ a ”  equal to 4.446 A ., in good agree­
ment with the value reported in the literature.3

MnSe was made by the reaction of stoichiometric amounts o

(3) P. W . Selwood, “ Magnetochemistry,”  Interscience Publishers, 
New York, N. Y .f 1956.

(4) N. V. Sidgwick, “ Chemical Elements and their Compounds,”  
Oxford, 1950, Vol. II, p. 1284.

(5) Swanson, et al.. NBS Circular 539, 5, 45 (1955), A STM  Card 7-
230.
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Temp., °K.
Fig. 1.—Reciprocal molar susceptibilities of MnO, MnSe and 

MnTe as functions of temperature.

Mn sponge (99.9%) and ground Se (99.999%) sealed in an 
evacuated Vycor capsule. The reaction vessel was heated 
slowly in a Bunsen burner flame to initiate the reaction. The 
MnSe was then further heated in an electric furnace at 900° 
for several days. The contents of the Vycor capsule were re­
moved, ground and again heated at 900°. The analysis of 
the final MnSe gave 40.9% Mn as compared with 41.0% 
theoretical. The powder X-ray diffraction pattern showed 
it had a NaCl structure, as previously reported,8 with “ a”  
equal to 5.457 A.

The procedure followed for the synthesis of MnTe was the 
same as for MnSe with the substitution of Te (99.99%) 
for Se. Some difficulty was experienced with the Vycor reac­
tion vessel being attacked, in the first preparation to such an 
extent that rupture occurred and the contents had to be dis­
carded. The final preparation was made in a partial helium 
atmosphere in a double walled Vycor vessel. The %  Mn 
found was 30.0% as compared with the theoretical 30.1 % . 
MnTe was found to have the NiAs structure with “ a”  equal 
to 4.14 A ., “ c”  equal to 6.70 A .7

III. Results
The reciprocal molar susceptibilities versus tem­

perature results are shown in Fig. 1.
The susceptibility of MnSe was field dependent 

up to about 400°. The points shown in this region 
have been extrapolated to infinite field strength. 
The molar susceptibilities were corrected for the 
diamagnetism of the constituent ions before Fig. 1 
was plotted. The gram ion corrections applied 
were 26 X 10- 6  for MnO, 62 X 10~ 6 for MnSe 
and 84 X  10- 6  for MnTe . 2 Two different batches 
of MnO were prepared and measured; only one 
of these is represented in Fig. 1.

A summary of the Weiss-Curie constants ob­
tained from the data above 600°K. is given in Table
I. The data were fitted to the Weiss-Curie law by 
a least squares method using a Univac Scientific 
1153 computer.

IV. Discussion
In the case of MnO, the Curie constant found is 

considerably lower than that reported by Johnston 
and Heikes8 or Bhatnagar. 9 However, lower values 
have been reported previously. 1 0  Bhatnagar’s

(6) E. Broch, Z. physik. Chem., 127, 446 (1927).
(7) I. Oftedal, ibid., 128, 135 (1927).
(8) W. D. Johnston and R. R. Heikes, J. Am. Chem. Soc., 78, 3255

( 1956).4
(9) iBhatnagar, Cameron, Harboard, Kapur, King and Prakash,

J. Chem. Soc., II, 1433 (1939).

T a b l e  I
T h e  W eiss- C u r ie  C o n stan ts  Cm an d  e  C a l c u l a t e d  fro m  

t h e  E x p e r im e n t a l  D a t a  a b o v e  600 °K.

Substance
%  Mn 
F ound

%  Mn 
Theoretical c m e A°

MnO (1) 77.4 77.4 3.78 461 1.3
MnO (2) 77.1 77.4 3.68 430 1.0
MnS1 62.9 63.1 3.94 397
MnSe 40.9 41.0 4.02 297 1.9
MnTe 30.0 30.1 4.46 584 1.3
“ A is the standard deviation of the experimental points 

from the fitted line in the reciprocal molar susceptibility 
versus temperature plot.

room temperature value for the gram susceptibility 
of MnO is considerably higher than that reported 
by other workers and his results therefore are 
questionable.

The value of C m for MnSe is in good agreement 
with that reported by Serres. 1 1

The constants for MnTe are between the values 
obtained by Serres1 1  and Uchida. 1 2  The value of 
Cm is close to that expected for 5 unpaired electrons. 
At around 830° the susceptibility of MnTe levels 
off abruptly probably because of some sort of phase 
transformation.

The data reported here indicate that, contrary 
to the results in reference 2 , as the ionic character 
decreases, the value of Cm becomes closer to that 
expected for 5 unpaired electrons. There are 
several explanations which might be offered for this. 
It has been suggested previously1 3  that, due to the 
persistence of short range order, the value of C m 
for antiferromagnetics is to some extent a function 
of temperature being largest close to the N 6 el tem­
perature, and becoming smaller as the temperature 
increases. In this case, the value of C m observed 
for a particular family of compounds in the same 
temperature region should increase with increasing 
N 6 el temperature. This is the case for the man­
ganese Group VI family.

The first three members of the family, MnO, 
MnS and MnSe, have the NaCl type structure. 
The distance of separation of the closest M n++ ions 
increases over 2 0 %  as the size of the negative ion 
increases from O—  to Se . Therefore any over­
lap of 3d electrons which might result in partially 
compensating spins would also decrease with in­
creasing negative ion size.

It is possible to analyze the data on MnO, MnS 
and MnSe in terms of the molecular field theory of 
antiferromagnetism and estimate the exchange 
energies corresponding to first and second nearest 
neighbor interactions. For these substances, which 
crystallize in the NaCl type structure and have 
antiferromagnetic ordering of the second kind, the 
exchange energies are given by 1 4

-  S i S T I )  (I )

(10) (a) Theodorides, Compt. rend., 171, 948 (1920); (b ) Tyler, 
P h y s .  Rev., 44, 776 (1933).

(11) A . Serres, J .  p h y s .  radium, 8 , 146 (1947).
(12) Uchida, Kondoh and Fukuoka, J . P h y s .  S o c .  J a p a n ,  11, 27 

(1956).
(13) R . Lindsay and J. Banewicz, P h y s .  Rev., 110, 634 (1958).
(14) P . W. Anderson, ibid., 79, 705 (1950); J. S. Smart, ibid., 8 6 , 

968 (1952).
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JnnnA(°K.) +  ^  (2)

where J nn is the exchange interaction between 
nearest neighbors, J nnn is the exchange interaction 
between next nearest neighbors, k is the Boltzmann 
constant, 6 is the Curie-Weiss constant, T n is the 
Néel temperature, and S 0 is the spin quantum num­
ber of the magnetic atom. It can be seen easily 
that the ratio of . /nn to J nnn depends only on the 
ratio of 6 to T n.

Table II gives the results obtained for J nn/k ,  
J m m /k  and Jm ,/Jnun  when available experimental 
data on d and T n are substituted.

T able  II
C o m ­ e Tn J nn/tí Jnnn/k

p o u n d Sa (°K.) ( ° K . ) O/Tn ( ° K . ) ( “  K .)
jnn/

MnO 5 / 2 4 6 1 “ 1 1 6 5 3 . 7 8  4 . 9 3 . 3 1 . 4

MnS 5 / 2 3 9 7 ° 1 5 4 “ 2 . 5 8  3 . 5 4 . 4 0 . 8

MnSe' 5 / 2 2 9 7 “ 2 4 7 á 1 . 2 0  0 . 7 7 . 0 0 . 1

5 / 2 2 9 7 “ 1 3 0 “ 2 . 2 9  2 . 4 3 . 7 0 . 6

“ This work. 6 H . Bizette, C. Squire, C . Tsai and B
Tsai, Compt rend., 207, 4 4 9  ( 1 9 3 8 ) .  « Ref. 2. d K . K. 
Kelley, J . A m . Chem . Soc., 61, 2 0 3  ( 1 9 3 9 ) .  * Average of 
values taken from cooling curves by: H. Bizette and B. Tsai, 
Compt rend., 212, 7 5  ( 1 9 4 1 ) ;  R . Lindsay, P h ys. R ev., 8 4 ,  
5 6 9  ( 1 9 5 1 ) .  f A  thermal hysteresis in the susceptibility 
versus temperature relation complicates the situation in 
MnSe. T n on the first line of data is obtained from specific 
heat data on a warming curve from 54°K. T„ on the second 
line is estimated from magnetic susceptibility data on cooling 
curves down from room temperature. See ref. e for further 
description of this phenomenon.

The molecular field theory is the simplest approxi­
mation of the Heisenberg-Dirac model for coopera­
tive magnetic phenomena and does not take into 
account short range ordering effects. There is

probably considerable uncertainty in the absolute 
values of the / ’s derived by this method because it 
does overestimate the Nfiel temperature in com­
parison with other more rigorous approximations 
of the Heisenberg-Dirac model. 1 5  Despite the un­
certainty, however, it is felt that the ratios of these 
J ’s are a meaningful measure of the relative 
strengths of the interactions in the compounds 
listed. In this connection it is interesting to note 
that a recent theoretical calculation by Casselman 
and Keffer16 of the overlap integral between anion p 3  

orbitals and cation 3d oribitals (at right angles) 
leads to a ratio of Jnn/Jnnn 1.5 for MnO which agrees 
quite well with tlm value reported in Table II.

MnTe has the NiAs structure, on the other hand, 
so perhaps it should be discussed separately. Pear­
son1 7  already has discussed the abnormally high 
resistivity of MnTe as compared with other com­
pounds of NiAs group. He has suggested that the 
explanation for this is the lack of overlap of the 3 d 
subshells of the Mn++ ions in this compound which 
would cause it to be semiconducting instead of 
metallic in its properties. It is worth noting that 
he has proposed a structure for MnTe in which 
M n-  and Te+ ions exist involving resonating p 3 

bonds with the 3d electrons of the manganese not 
concerned in the chemical bonding.

Acknowledgment.— The authors wish to express 
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oratory for carrying out the least squares calcula­
tions, and to Dr. Robert Lindsay of Trinity Col­
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debted for the section on Molecular Field Theory.

(15) J. S. Smart, J. Phys. Chem. Solids, 11, 97 (1959).
(16) T. N. Casselman and F. Keffer, Phys. Rev. Letters, 4, 498 

(1960).
(17) W. B. Pearson, Can. J. Phys., 35, 886 (1957).
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The infrared spectrum of CO chemisorbed on alumina-supported Ni surfaces has been investigated in the region from 
1700 to 2400 cm .-1. Full coverage spectra clearly show that the character of the Ni surface is a function of the Ni con­
centration; Ni surfaces ranging from a compact crystalline type to a dispersed type have been observed. Adsorption of 
CO on crystalline Ni sites occurs initially at very low pressures giving two surface species— a bridged CO between two ad­
jacent Ni atoms, and a linear CO bonded to one surface Ni atom. At higher pressures it is proposed that CO is adsorbed 
as a bridged CO species between Ni atoms already having adsorbed linear CO species. On more dispersed Ni sites, CO is 
weakly adsorbed as a single linear species and the strength of adsorption decreases as the Ni atoms become less compactly 
arranged. The effect of Hg poisoning of a Ni surface on the chemisorption of CO has been investigated also.

I. Introduction
An infrared spectrum of CO chemisorbed on a 

silica-supported Ni sample has been reported by 
Eischens, Francis and Pliskin, 2 and Garland3 has 
studied the effect of CS2 poisoning on the infrared

(1) Taken from the thesis of John T. Yates, Jr., Department of 
Chemistry, M.I.T., in partial fulfillment of the requirements for the 
degree of Doctor of Philosophy.

(2) R. P. Eischens, S. A. Francis and W. A. Pliskin, J. Phys. Chem., 
60, 194 (1956).

(3) C. W, Garland, ibid., 63, 1453 (1959).

spectrum of CO adsorbed on alumina-supported Ni 
samples. A more extensive infrared study of CO 
chemisorbed at room temperature on finely divided 
Ni is reported below. The Ni was supported on a 
high-area alumina and the concentration of Ni in 
the samples was varied over a wide range (1.5-25% 
Ni by weight).

II. Experimental
Instrumental.— The infrared cell used in this work has 

been described in detail previously.4 In essence it is a cylin-
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drieal Pyrex cell of 150-cc. volume with CaF2 windows. The 
sample is supported on a 30 mm. diameter CaF2 plate which 
is mounted at the center of the cell.

The modified Perkin-Elmer 12C spectrometer described 
by Yang and Garland4 has been further modified so as to use 
the CaF2 prism in combination with a 150 lines/mm. grating 
(blazed at 4.5 ^ in the first order) mounted in the Littrow 
mirror position. Small shifts in the frequency of the absorp­
tion bands are more easily observed as a result of the increased 
dispersion obtained with this arrangement. Also, slit 
widths larger than those employed with a prism alone can 
be used with no sacrifice in resolution. Thus it becomes 
feasible to study weaker bands by using thicker samples. 
A Kodak 230 filter (40% transmission at 5 n opaque at 3 m) 
was placed over the exit slit to remove higher orders of the 
grating.

Sample Preparation.— Supported Ni samples were pre­
pared as follows: A weighed amount of N i(N 03)2-6H20 , 
Mallinckrodt A. R . Grade, was dissolved in a small volume 
of distilled water. Reagent grade acetone was added to the 
solution and a weighed amount of Alon C (a non-porous alu­
mina6) was added with shaking. The final slurry contained 
about 4 g. of Alon C per 100 cc. of solution, and the solvent 
was between 20 and 22% distilled water by volume. The 
slurry was shaken for a few minutes and then transferred 
to an atomizer-spraying apparatus. Here the slurry was 
continuously mixed to prevent sedimentation. A fine spray 
was directed toward several weighed CaF2 plates which 
were heated to 60-80° on a micro hot plate. A uniform co­
herent deposit was produced by adjusting the pressure of the 
carrying gas so that most of the water and acetone evap­
orated in the spray before it reached the heated plates.

A sample plate was then transferred to the infrared cell 
and the sample was dried by heating in vacuo at 150° for one 
hour. The temperature was then raised to 300° (at this 
point the sample becomes black due to the formation of nickel 
oxide). The sample was reduced at 300° using hydrogen 
gas at 150 mm. pressure. After one hour of reduction the 
cell was degassed for 0.25 hour. A  second hydrogen reduc­
tion was then carried out for several hours followed by de­
gassing for several hours. Finally the sample was treated 
for 12-18 hours more with hydrogen. It was then de­
gassed for 3 hours at 300° and allowed to cool to room tem­
perature.

The “ density”  of the Ni-alumina deposits used in this 
work ranged from about 15 to 50 mg./'cm.2 after reduction.

Recording of Spectra.—After the sample had been reduced 
a background spectrum was recorded over the spectral region 
from 1700 to 2400 cm .-1. All spectra have been plotted as 
absorbance values, —In I/L>, where I 0 is the recorder de­
flection from 0%  transmission to the background curve, and 
I is the deflection from 0%  transmission to the spectral 
curve produced by adsorption of CO.

X-Ray Studies.— In order to determine the extent of 
crystallinity existing in the Ni samples used in this work, 
X-ray powder photographs were obtained for a 25% Ni 
sample, a 10% Ni sample and the Alon C support alone. 
Only the 25% Ni sample gave any evidence of containing 
crystalline Ni particles; this sample gave broad lines cor­
responding to the three most intense lines observed for bulk 
Nisamples(d =  2.034, 1.762,1.246 A .). From an examina­
tion of the line widths obtained, we estimate that the average 
Ni crystallite size is 38 A. for the 25% Ni sample.6’7

III. Results and Discussion
It is convenient for the presentation of results 

and discussion to divide the spectral region in­
vestigated into five frequency regions which are 
defined in Table I. We shall show that a CO ad­
sorption band is found to occur in each region for 
the higher concentration Ni samples. Therefore, 
the approximate band centers are also shown at 
this time in Table I.

(4) A. C. Yang and C. W. Garland, J. Phys. Chem., 61, 1504 (1957).
(5) Alon C is a product of Godfrey L. Cabot, Inc., Boston 10, Mass. 

We wish to thank Mr. K. A. Loftman for providing a sample with a 
B.E.T. area of 90 m.2 g. - ’ .

(6) W. H. Bragg and W. L. Bragg, “The Crystalline State,” Vol. 1, 
G. Bell and Sons, Ltd., London, 1955, p. 189.

(7) B. E. Warren and J. Biscoe, J. Am. Ceramic Soc., 21, 49 (193S).

T able  I

F ive  F requency R egions D efined  for  C o nven ience  in 
D iscussing  the I nfrared  Spectrum of CO C hem i­

sorbed on N ickel  at R oom T emperature  
For 10 and 2 5 %  N i sam ples a band is observed in each  
region; the approxim ate centers of these bands are shown 

in the last colum n
Region Frequency interval, cm. 1 Band center,

A 18 5 0 -19 4 0 1915
JB 1 9 40 -1990 1963
C 19 9 0 -20 5 0 2035
D 2 0 5 0 -2 0 7 0 2057
E 2 0 7 0 -2 1 1 0 2082

Bands which lie above 2000 cm . - 1  have been as­
signed by Eischens, et a l . , 2 to CO species with the 
CO bonded to a single Ni atom, as in Ni(CO)4, 
and this type of bonding is designated as linear. 
Bands below 2000 cm . - 1  were assigned to CO 
species with the CO bonded between two Ni atoms 
in a bridge fashion. This generalized assignment 
is made on the basis that the linear carbonyl 
groups of metal carbonyls8 and their derivatives9 

absorb in the region 1988-2080 cm.-1, while metal 
carbonyls containing bridging CO groups have 
carbon-oxygen stretching frequencies below 2 0 0 0  

cm . - 1  (1828-1860 cm.-1).
It should be noted that the analogy in frequencies 

between metal carbonyls and chemisorbed CO is 
good for linear CO species (bands in regions C, D 
and E lie at 2035, 2057 and 2082 cm.-1, respec­
tively) but poor for bridge CO species (bands in 
regions A and B lie at 1915 and 1963 cm.-1, re­
spectively). This discrepancy is to be expected 
since the frequency of bridge carbonyl groups is 
a function of the angle between the carbon-metal 
bonds10; the frequency of the bridge species should 
therefore be sensitive to the interatomic distance 
of the Ni atoms, and this distance would not be 
expected to be the same as the metal-metal distance 
in metal carbonyls.

A 25% Ni sample supported on silica  (Cabosil) 
and prepared in the same fashion as our alumina- 
supported samples showed excellent agreement at 
full coverage with the band center frequencies 
given in Table I for regions B, C, D and E. Com­
parison of the frequency of the weak broad band 
in region A is difficult due to the presence of a 
broad background band in this region for silica- 
supported Ni samples. However, it seems that 
the band produced in region A by adsorption of 
CO on silica-supported Ni samples may occur initi­
ally at a somewhat lower frequency than that ob­
served with alumina-supported Ni samples. Thus 
differences between the frequencies given in Table 
I and those observed by Eischens, et a l , , 2 are pri­
marily due to different sample p reparation  rather 
than any effect of a different supporting medium.

A. Addition of CO to Supported Ni Samples
1.5% Ni Samples.—Small known quantities of 

CO gas were added in a stepwise fashion to an 
infrared cell containing a reduced Ni sample. 
The CO pressure within the cell was measured at

(8) J. W. Cable and R. K. Sheline, Chem. Revs., 56, 1 (1956).
(9) T. S. Piper, F. A. Cotton and G. Wilkinson, J. Inorg. and Nuclear 

Chem., 1, 165 (1955).
(10) J. O. Halford, J. Chem. Phys., 24, 830 (1956).



April, 1961 Spectra of Carbon M onoxide Chemisorbed on Nickel Surfaces 619

equilibrium with a calibrated thermocouple gauge 
or with a McLeod gauge at low pressures. The 
isotherm obtained for a 1.5% Ni sample at room 
temperature is shown in Fig. 1 . Above 5 X  10 ~ 2 
mm. CO pressure the dead space correction became 
excessive and readings were therefore discontinued.

CO was added to another 1.5% Ni sample in 
two steps and the spectrum of the adsorbed CO 
was recorded after each addition (see Fig. 2). 
It is apparent from the spectrum that adsorption 
continues to occur at pressures considerably above 
the highest pressure which could be measured on 
the adsorption isotherm. Spectrum 2 in Fig. 2 
was recorded immediately after 30 seconds of 
pumping to remove excess CO gas plus a small 
amount of Ni(CO ) 4 vapor which was produced in 
the cell at this high pressure. This rapid removal of 
gases from the cell does not affect the intensity of 
the bands due to adsorbed CO. Above 2000 cm . - 1  

the spectra shown in Fig. 2 are typical of several 
1.5% Ni samples studied. However, not all 1.5% 
samples showed the weak band below 2 0 0 0  cm.-1 ; 
this band appears to be quite sensitive to sample 
preparation.

10% Ni Samples.— Figure 3 shows CO adsorp­
tion isotherms for three representative 10% Ni 
samples at room temperature. Figure 4 shows 
spectra for increasing coverage of CO on a typical 
10% Ni sample. Here the intensity of bands A, 
B and C is much greater than in the 1.5% Ni 
sample shown previously. The infrared absorb­
ance observed in regions A and C corresponds to 
CO adsorbed at pressures below 1 X 10^ 3 mm. 
(pressure range labeled A +  C in Fig. 3). Be­
tween 10_s and 2 X  10~ 2 mm. CO pressure (range 
labeled B +  D in Fig. 3) the major change in the 
spectrum is an increase in absorbance in regions 
B and D. Above 2 X  10- 2  mm. of CO, a band 
grows in region E. The spectra shown in Fig. 4 
are typical of several 10% Ni samples studied al­
though variations in the total absorbance for dif­
ferent samples were observed (note also the varia­
tion in the isotherms shown in Fig. 3).

The fact that Ni(CO ) 4  gas is observed to form 
when a sample is treated with CO at a pressure above 
about 5  mm. afforded a convenient method of 
decreasing the concentration of Ni within a given 
sample while maintaining full coverage of CO. 
This treatment was applied to a sample which was 
initially 10% Ni and had a full-coverage spectrum 
like that shown in Fig. 4. The Ni(CO ) 4  gas pro­
duced was sublimed into a cold trap at 77°K. as 
soon as it was formed thereby causing a continual 
removal of Ni from the sample. After 3 days 
treatment at a CO pressure of about 59 mm., the 
cell was pumped out for 30 seconds and a spectrum 
was recorded. This showed a marked decrease in 
absorbance in regions A, B and C but little change 
in regions D and E. After an additional treatment 
of 2.5 days with CO at a pressure of 117 mm., the 
cell was pumped out and another spectrum was 
recorded. This showed only weak absorption in 
regions D and E and the band shape was very simi­
lar to spectrum 1 of Fig. 2.

Although the measurement was difficult to make 
and not of high precision, we were able to determine

Fig. 1.— 1.5% Ni sample. Typical CO adsorption isotherm 
at room temperature.

Fig. 2.— 1.5% Ni sample. Spectrum 1, 1.5 mm. CO 
pressure; spectrum 2, 11.5 mm. ÔO pressure, then pumped 
30 seconds.

Fig. 3.— 10% Ni samples. Typical CO adsorption isotherms 
at room temperature.

that more than half of the nickel originally in this 
1 0 %  sample was removed as Ni(CO ) 4 gas. Our 
best estimate of the final sample composition after 
treatment with excess CO is 3-4%  Ni by weight.

25% Ni Sample.— Since the relative intensities 
of the various infrared bands differ between 1,5
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Fig. 4.— 10% Ni sample. Spectrum 1, 1.7 X  10~4 mm. 
CO pressure; spectrum 2, 2.0 X  10~4 mm.; spectrum 3, 
3.5 X  10~4 mm.; spectrum 4, 2.3 X  10~2 mm.; spectrum 
5, 1.2 mm.; spectrum 6, 1.2 mm. after 12 hours.

Fig. 5.—25%  Ni sample. Spectrum 1, 4 X  10-4 mm. CO 
pressure; spectrum 2, 5 X  10” 4 mm.; spectrum 3, 2.4 X  
10-3 mm.; spectrum 4, 5.3 mm. after 6 hours then pumped 
30 seconds.

and 10% Ni samples at full CO coverage, an 
experiment was performed on a 25% Ni sample. 
The spectra obtained on stepwise addition of CO 
are shown in Fig. 5. The trend of increasing rela­
tive intensity of bands in regions A, B and C as 
the Ni concentration is raised was substantiated 
by this experiment and the full-coverage spectrum 
shows comparatively slight absorbance in region 
E, relative to the strong absorbance in regions A, 
B and C.

CO was desorbed at room temperature from the 
full-coverage 25% Ni sample of Fig. 5 by pumping 
the cell at 10~6-T0 - 6  mm. The infrared absorp­
tion bands disappeared in essentially the reverse 
order of appearance on the initial stepwise adsorp­
tion. After approximately 30 minutes of desorp­
tion the band in region E disappeared completely 
and a small loss of absorbance occurred on the high 
frequency side of the band in region B. After 
this initial 30 minute period, changes occurred 
very slowly. Thus, in 40 hours desorption, the 
absorbance in region D disappeared by continued 
loss of intensity from the high frequency side and 
one-half of the absorbance in region B has been

removed. Desorption was continued for 200 
hours, during which time the absorbance in region 
B disappeared and a small loss of intensity in 
region C occurred. After 200 hours of desorption, 
a band in region A and a band in region C still 
remained.

CO was readsorbed on the sample by adding 
sufficient CO gas to bring the CO pressure up to 
that pressure at which full coverage was originally 
achieved (5.0 mm.). This readsorption caused the 
spectrum to return to its original full-coverage 
intensity of absorbance in all regions. Thus ex­
tensive desorption at room temperature does 
not seem to alter the character of the Ni surface; 
i .e ., there has been no decomposition of CO to 
form surface carbides.

Interpretation.—The full-coverage spectra of 
CO adsorbed on surfaces containing supported Ni 
at various concentrations clearly show that the 
character of the Ni surface is a function of the Ni 
concentration. On a 1.5% Ni surface at full 
coverage, the bands in regions A, B and C are of 
low intensity relative to the bands in regions D and
E. When the concentration of Ni is increased to 
10%, the bands in regions A, B and C become pro­
nounced. On a 25% Ni sample at full coverage 
the bands in regions A, B and C are developed still 
more while the relative intensity in region E is 
decreased. The Ni stripping experiment confirms 
the observation that Ni concentration effects the 
full coverage spectra. Bands A, B and C seem to 
disappear simultaneously when Ni atoms are slowly 
removed from the 10% Ni surface as Ni(CO ) 4 gas, 
and the final spectrum resembles that obtained 
with 1.5% Ni samples at full CO coverage.

This fact that the bands in regions A, B and C are 
strongest on the higher concentration Ni samples 
suggests that these bands represent CO molecular 
species adsorbed on compact Ni sites. These 
sites will be designated “ crystalline.”  Thus band 
A is assigned to a bridge CO species on crystalline 
Ni while band C is assigned to a strongly adsorbed 
linear CO species on crystalline Ni. The presence 
of crystalline sites on a 25% Ni sample is supported 
by the X-ray diffraction results which indicate Ni 
crystals approximately 40 A. in size. The fact 
that no X-ray lines were evident on a 10% Ni 
sample may be caused by a reduction of the aver­
age crystal size to an undetectable value.

Bands A and C both develop at very low equi­
librium pressures. With increasing coverage band 
C seems to intensify at constant frequency (2035 
cm.-1), indicating that interaction between ad­
sorbed linear CO’s of this type at low CO coverage 
is small.

On the 1.5% Ni samples it is reasonable that the 
Ni should be of a more dispersed character. The 
predominance of the bands in regions D and E 
at full coverage on these samples suggests that these 
bands correspond to linear CO’s bonded to Ni 
atoms which are more dispersed than those in 
crystalline sites. It is proposed that 10 and 25% 
Ni surfaces have a partial crystalline character 
indicated by the presence of bands A, B and C and 
a partial dispersed character corresponding to 
bands D and E. This conclusion is verified by the
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adsorption isotherms studied on 10 and 1.5% 
samples. The isotherms obtained for 10% Ni 
samples show that about 3/ 4 of the CO adsorbed 
up to 5 X 10- 2  mm. pressure is adsorbed below 
1 X  10- 3  mm. (giving only bands A and C in the 
spectra) while on a 1.5% sample very little ad­
sorption occurs below 1 X  10 - 3  mm.

By superimposing the 1.5% Ni isotherm and a 
10% Ni isotherm in such a way that the “ plateau” 
portions of the isotherms coincide, it may be 
seen that the 10% Ni surface seems to have a dual 
nature—a large portion adsorbing CO at a low 
equilibrium pressure and a smaller fraction dis­
playing the adsorptive character of a 1.5% Ni 
sample. Thus the crystalline sites chemisorb 
CO at a low equilibrium pressure while adsorption 
on dispersed sites takes place at higher pressure.

Note that one cannot judge the degree of dis­
persion of the nickel on 1.5 and 10% samples by a 
comparison of the amount of CO adsorbed per g. 
of Ni as shown in Figs. 1 and 3 since the maximum 
pressure shown on these isotherms is 0.05 mm. and 
considerable adsorption occurs on dispersed Ni 
sites at higher pressures (see Figs. 2  and 4). Also 
only a small fraction of the Ni atoms present even 
in the 1.5% samples adsorb CO.

One might expect that the removal (as Ni(CO ) 4 

gas) of nickel from the 1 0 %  sample would have 
selectively removed dispersed Ni atoms and made 
the spectrum look more like that of a 25% Ni 
sample. However, it appears that both the dis­
persed and the crystalline Ni sites are attacked 
at a comparable rate and that as crystalline patches 
of nickel are eaten away new dispersed sites are 
formed. Thus as stripping of the 10% sample 
proceeds, the net effect is to remove crystalline 
sites more rapidly than dispersed sites.

Band B develops on 10 and 25% Ni samples at 
CO pressures higher than that necessary to com­
pletely form bands A and C. Also, some of the 
1.5% Ni samples studied show a weak band in the 
A -B  region; but, the absorbance in region B 
(and also in region C) is markedly less than that 
observed for 10 and 25% Ni samples. A possible 
surface bridge species corresponding to band B 
would be

O O O
c  c  c

This species would form only on crystalline sites 
during the later stages of adsorption of linear 
species (band C), agreeing with the order of ap­
pearance of band B.

The fact that band E is a single band indicates 
that it is probably not associated with a multiple 
CO species. Two or more CO’s per Ni atom in a 
non-centrosymmetric species should produce an 
observable double band due to symmetric and anti­
symmetric CO stretching vibrations. The interpre­
tation of the single band E is substantiated by the 
fact that the frequency of this band (2082 cm.-1) 
lies between the antisymmetric and symmetric 
vibrational frequencies (2057 and 2128 cm.-1) for 
Ni(CO ) 4 gas. 1 1  In addition, the compound Co­

in) L. H. Jones, J. Chem. Phys., 28, 1215 (1958).

(CO)3NO which is isoelectronic with Ni(CO ) 4 gives 
two infrared bands in the gas phase (2047 and 2108 
cm.-1) due to the antisymmetric and symmetric 
CO stretch. 1 2  This assignment of band E will be 
discussed further in the next section.

Band D is the most difficult band to observe 
accurately because of its position between bands C 
and E. Both its frequency (2057 cm.-1) and order 
of appearance on stepwise adsorption of CO on 
both 10 and 1.5% Ni samples suggest that it cor­
responds to a linear CO adsorbed on a Ni site which 
is intermediate in character between crystalline 
and dispersed sites. This particular intermediate 
type of surface is designated as “ semi-crystalline.”  
It will be discussed further in the section devoted 
to Hg poisoning studies.

A summary of the assignments of infrared bands 
to surface species is presented in Table II.

T able  II
A ssignment of I nfrared  B ands to Surface Species for 
CO C hemisorbed  on Supported Ni Sam ples at  R oom 

T emperature
Fre-

Band
quency, Strength ofcm.-1 Species Site adsorption

A 1915 0 Crystalline Very strong
c Ni

/  \  
Ni Ni

c 2035 O Crystalline Very strong
c Ni

-N i-
B 1963 0  0  0 Crystalline Moderately

c  c  c Ni strong
1 /  \  1 

-N i------ N i-
D 2057 0 Semi­ Moderately

c crystalline
Ni

strong

_Ni_
E 2082 0 Dispersed Weak

c Ni

An unreduced NiO sample showed no adsorption 
of CO at room temperature, and no infrared bands 
due to adsorbed CO species could be detected in 
the region 1800-2200 cm.-1, so that it is certain 
that the adsorbed species reported are really on a 
Ni surface. (This is further supported by the 
fact that band E may be produced by the decompo­
sition of Ni(CO ) 4 gas, as discussed below.) In 
addition, any significant amounts of C 0 2 produced 
by a carbiding reaction between the Ni sample and 
chemisorbed CO should have been detectable in 
the gas phase at 2349 cm.-1. Since this band was 
never observed (even in the presence of excess 
CO), we assume that surface carbides did not form 
to any appreciable extent.

B. Addition of Ni(CO ) 4 to Ni Samples.— 
A 10% Ni sample, freshly reduced, was treated 
with Ni(CO ) 4 in an attempt to observe differences 
which might exist in approaching the equilibrium 
surface situation from the Ni(CO ) 4 side. Small 
quantities of Ni(CO ) 4 gas were admitted to the cell 
at room temperature and a spectrum was recorded

(12) R, S. McDowell, W. D. Horrocks, Jr., and J. T. Yates ibid., 34, 
530 (1901).
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Fig. 6.— 1.5% Ni sample. Quantitative stepwise addition 
of Ni(CO)4 gas.

Fig. 7.— 1.5% Ni sample. Quantitative stepwise addition 
of Ni(CO)4 gas. Spectra 1 to 5 each after the addition of 
0.0098 cc. Ni(CO)4 gas; spectra 6 and 7 each after the ad­
dition of 0.0167 cc. Ni(CO)4 gas (STP).

after each addition until a total of 0.15 cc.(STP) 
of Ni(CO ) 4 had been added. Since the strong 
2058 c m r 1  band of Ni(CO ) 4 was absent, we may 
assume that all this Ni(CO ) 4 was decomposed. 
(In a blank run, Ni(CO ) 4 gas was admitted to a 
cell containing a pure alumina sample and the 
spectrum was observed to be identical to that of the 
gaseous carbonyl at all pressures. A minimum of 
10- 3  cc. (STP) of carbonyl, which corresponds to 
a pressure of ~ 5  X 10~ 3  mm., could be definitely 
detected in the cell. Thus, the absence of a band 
at 2058 cm . - 1  indicates that neither N i(C0 ) 4 

gas nor physically adsorbed Ni(CO ) 4 are present.) 
The spectra observed were in complete agreement 
with those obtained on addition of CO to a 10% 
Ni sample (Fig. 4). The sample was then allowed 
to stand overnight in the presence of about 2.3 
mm. pressure of Ni(CO ) 4 gas. Another spectrum 
was recorded after pumping for 30 seconds to re­
move the excess Ni(CO ) 4 gas. In addition to 
a slight over-all increase in absorbance, this 
final spectrum showed abnormally strong absorb­
ance in region E (absorbance =  0.8).

Apparently, when Ni is added to the surface by 
decomposition of Ni(CO)4, the formation of dis­
persed adsorbing sites is favored, and the only 
major change in relative intensity is seen in region
E.

The sharp band observed in region E on sup­
ported Ni samples might represent the presence of 
a molecular species which is the precursor to the 
formation of Ni(CO ) 4 gas within the cell. This 
possibility is supported by the fact that on step­
wise adsorption of CO, band E is the last band to 
form before Ni(CO ) 4 gas begins to form and also 
that band E can be made abnormally intense by 
decomposing Ni(CO ) 4 gas on fresh 10% Ni samples. 
Thus it seemed possible that band E might repre­
sent a surface species containing more than one 
CO molecule per active Ni (as suggested by 
Eischens, et a l.2) in spite of the fact that such a 
species should give two active and resolvable in­
frared bands instead of the single band which is 
observed.

Because only a small fraction of the Ni within 
any given sample adsorbs CO under the conditions 
employed in this work, quantitative measurements 
of CO uptake per gram of Ni do not allow any esti­
mate to be made of multiple adsorption of more 
than one CO per Ni atom. To test for this pos­
sibility, measured quantities of Ni(CO ) 4 gas were 
decomposed on 1.5% Ni samples. By measuring 
the increase in CO pressure within the cell after 
each Ni(CO ) 4 addition it was possible to calculate 
the ratio of the number of moles of CO gas liberated 
to the number of moles of Ni(CO ) 4 gas decom­
posed. This ratio, called Z , is plotted vs. the equi­
librium CO pressure in Fig. 6  for three 1.5% Ni 
samples. The resulting stepwise spectra for one 
of these samples is shown in Fig. 7 where the num­
bering of the spectra corresponds to the numbering 
of the solid points in Fig. 6 . The Z  vs. pressure 
data were obtained using a thermocouple gauge 
to measure CO pressures by multiple expansion 
in a system composed of known volumes. Since 
these measurements are quite difficult, the rather 
large scatter in Fig. 6  is not surprising.

Measurements of Z  and of the spectra were made 
up to the point where the presence of undecom­
posed Ni(CO ) 4 was indicated by the spectra. It 
may be seen that the spectra resemble those ob­
tained on stepwise adsorption of CO on a 1.5% 
Ni sample (Fig. 2). Initially, when Z  <3, spectra 
1 and 2  show absorption in region D. As coverage 
was increased, the sharp band in region E de­
veloped and Z  became approximately 3. At an 
equilibrium CO pressure greater than 1  mm., 
undecomposed Ni(CO ) 4 gas was detected within 
the cell.

Spectrum 7 shows a broad band in region A. 
Spectra were not recorded in region A before this 
particular spectrum so we do not have a stepwise 
picture of developments in this region. In all 
probability the band in region A formed during the 
early stages of the Ni(CO ) 4 addition. The fact 
that approximately 3 CO gas molecules are gener­
ated for each Ni(CO ) 4 molecule decomposed, as 
band E grows, indicates that band E in its early 
stages of development corresponds to a single
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linear CO adsorbed on a Ni atom which exists in 
a dispersed environment. The fact that the 
frequency of band E did not change appreciably 
when large amounts of Ni(CO ) 4  gas were decom­
posed on the 10% Ni sample suggests that band E 
corresponds to a single linear CO bonded to a dis­
persed Ni at all stages of its growth.

C. The Effect of Mercury Poisoning on the 
Infrared Spectrum of CO Adsorbed on Ni.—Hg 
vapor was accidentally found to cause major 
changes in the spectrum of CO adsorbed on Ni. 
During the course of some room temperature de­
sorption studies, several 10% Ni samples were de­
sorbed in a system connected to an untrapped 
McLeod gauge. Instead of displaying the normal 
desorption behavior (disappearance of bands in 
the reverse order of their appearance on adsorp­
tion), these samples exhibited intensification of a 
sharp band in region D as CO was desorbed. Also, 
after lengthy desorption plus accompanying Hg 
poisoning, it was observed that these samples lost 
their ability to readsorb CO as bridge species A 
and B and as linear species E.

In a separate experiment a 10% Ni surface fully 
covered with CO, was exposed for 9.5 hours to 
Hg vapor (0.27 mm. pressure), originating from a 
clean droplet of Hg contained in a side arm in the 
vacuum system. The bands attributed to bridge 
CO species (A and B) disappeared as the Hg treat­
ment was carried out, and simultaneously the sharp 
band in region D appeared. (No change in the 
spectrum occurs when the cell is merely closed off 
and a Ni sample with adsorbed CO is allowed to 
stand under vacuum for more than 1 2  hours; thus, 
any possibility that the effect is due to leaks in the 
cell was completely eliminated.)

These studies indicate that Hg poisoning causes 
crystalline Ni sites to lose their ability to chemi­
sorb bridged CO. It is also evident that Hg poison­
ing effects dispersed Ni sites causing them to be 
unable to adsorb CO (as band E).

To investigate this phenomenon more thor­
oughly, a 1.5% Ni sample was treated with CO up 
to a pressure corresponding roughly to completion 
of the band in region D, but at a pressure too low 
for extensive development of band E. In spec­
trum 1 of Fig. 8 , band D, which corresponds to linear 
CO adsorbed on semicrystalline sites, is shown to 
best advantage since interference from absorbance 
in regions C and E is essentially absent. The 
sample was then exposed to Hg vapor. The tem­
perature of the side arm containing the liquid Hg 
was controlled so that the Hg vapor pressure was 
2 X 10-s mm. Figure 8  shows the intensification 
of the new band (2060 cm.-1), which will be referred 
to as band D*, as the length of exposure to Hg vapor 
increases. After about 2 hours of poisoning under 
these conditions, major changes in the absorbance 
of band D* cease. This sample was desorbed 
( 1 0 - 5- 1 0 - 6  mm.) at room temperature, and spectra 
were recorded periodically. After 2 hours, band 
D* has shifted to 2052 cm . - 1  with slight decrease 
in over-all intensity. After 24 hours desorption, 
the peak absorbance has decreased from 0.71 to
0.55; the frequency of D* was constant at 2052 
cm . - 1  during this desorption.

Fig. 8.— 1.5% Ni sample. Addition of Hg to sample at 
partial CO coverage. Spectrum 1, 4.75 X  10-2 mm. 
CO pressure; spectrum 2, sample exposed to Hg vapor for
28 minutes; spectrum 3, for 47 minutes; spectrum 4, for 71 
minutes; spectrum 5, for 112 minutes; spectrum 6, for 14 
hours.

A second 1.5% Ni sample of identical weight 
to the previous sample was treated with CO up to 
the same pressure as the sample in Fig. 8 ; a spec­
trum identical to spectrum 1 in Fig. 8  was obtained. 
This partially covered sample was treated with Hg 
in the same fashion as before and band D* was ob­
served to intensify at the same rate as before. After
29 minutes poisoning, band D* (2060 cm.-1, 
absorbance =  0.34) was similar to spectrum 2, 
Fig. 8 . Hg poisoning was then stopped and the 
desorption of this partially poisoned sample was 
carried out imder the same conditions as in the 
previous sample. In 19 hours desorption, D* 
has decreased in intensity (absorbance =  0 .2 1 ) 
and has shifted to 2056 cm.-1. Thus these two 
experiments illustrate that qualitatively the initial 
rate at which D* absorbance disappears on de­
sorption is independent of the extent of Hg poison­
ing. Exposure of the partially desorbed sample 
to Hg vapor for 2 hours produced no change in the 
spectrum, indicating that all of the CO now present 
on the Ni surface is completely influenced by the 
Hg added at the start of the experiment. This 
indicates that the adsorbed CO molecules which 
are on semicrystalline sites affected by Hg are more 
strongly held on the surface than those on un­
poisoned semicrystalline Ni sites. Desorption 
rate measurements support this conclusion; viz., 
some Hg poisoned samples exhibit a strong D* 
band even after 2 0 0  hours of desorption.

It may be argued that if the effect of each Hg 
atom was to influence a large area of semicrystal­
line Ni surface (as in an explanation based on a 
band theory of metals) all adsorbed CO molecules 
would be equivalent and would uniformly become 
more strongly held and more intensely infrared
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absorbing as more Hg was added. Then at an 
intermediate stage of poisoning, band D* should 
disappear on desorption more rapidly than it does 
after complete poisoning; this is  not observed. 
Also, after a period of desorption of a partially 
poisoned sample, further poisoning should continue 
to make band D* grow; this is  n ot observed. But 
if the effect of a Hg atom is local, then at an inter­
mediate stage of poisoning some adsorbed CO 
molecules are affected (converted to a new species 
which is more strongly held and has a greater ab­
sorbancy) while other CO’s are not affected. Then 
one predicts that band D* should disappear at the 
same rate for all stages of poisoning, as is observed. 
Also a period of desorption on a sample which has 
been partially poisoned will remove most of the 
weaker-held CO species which had not been affected 
by Hg (band D species). Then further poisoning 
cannot cause band D* to grow, again in agreement 
with observation.

Thus the effect of the Hg seems to be of a local 
nature, and extensive poisoning does not seem to 
cause a situation which is very different from that 
caused by slight poisoning, with the exception that 
the intensity of band D* (and also the number of 
CO’s on sites affected by Hg) is proportional to 
the extent of poisoning.

It has been shown in a further experiment that 
the Hg poisoning effect does not depend on the 
preadsorption of CO on the semicrystalline Ni 
sites; initial poisoning with Hg followed by CO 
adsorption produces the same strong band at 2060 
cm.-1. Thus the Hg poisoning of semicrystalline 
sites may be visualized as a local alloying process 
in which the Hg enters into the semicrystalline 
Ni lattice, perhaps at vacancies which are certainly 
very prevalent in the semicrystalline surface. 
In this connection, Eischens1 3  has reported a 
spectrum of CO adsorbed on a Cu-Ni alloy (10% 
Cu) which shows a band in the linear CO region 
which has a greater relative intensity compared 
to the bridge CO bands than the linear CO band 
on a pure Ni surface.

(13) R. P. Eischens, Z. Elektrockem., 60, 782 (1956).

It is impossible to advance more than a conjec­
ture as to the theoretical nature of the Hg poisoning 
effect. Two experimental facts are prominent:
( 1 ) Hg adsorbed on semicrystalline Ni causes 
the Ni-C bond strength in adsorbed linear CO 
species to increase markedly as judged by the rate 
of desorption; (2 ) the extinction coefficient for the 
CO stretching vibration in adsorbed linear CO 
species on semicrystalline Ni sites is increased sev­
eral fold when Hg poisoning of the Ni surface takes 
place. It is possible that the first of the two effects 
is caused by an increase in the number of metallic 
bonding orbitals which are utilized by a Ni atom 
in a semicrystalline site when Hg poisoning takes 
place. This view is supported by the existence of 
various Hg-metal carbonyl complexes which are 
much more stable than their parent carbonyls. 8 

At this time we have no explanation for the increase 
in the carbonyl extinction coefficient of D* species 
when Hg poisoning takes place.

IV. Summary

The adsorption of CO on crystalline Ni sites 
occurs at very low pressure and is typical of chemi­
sorption. Adsorption of CO on semicrystalline and 
dispersed sites occurs at pressures higher than 
normally associated with chemisorption, and such 
CO is more weakly held. The sequence of ap­
pearance and disappearance of linear CO bands on 
adsorption and desorption indicates that the 
carbon-oxygen stretching frequency becomes higher 
as the strength of bonding of the CO to the Ni 
surface decreases. The correspondence between 
infrared absorption bands and adsorbed species 
proposed for CO adsorbed on alumina-supported 
nickel samples is shown in Table II.

Mercury poisoning of a Ni surface containing 
adsorbed CO results in the formation of an in­
tense band at 2060 cm.-1. This band is associated 
with a linear CO species strongly adsorbed on a 
semicrystalline site “ alloyed”  with Hg. The 
effect of Hg is of a local nature as far as its influence 
on chemisorbed CO is concerned.

I N F R A R E D  S T U D IE S  O N  P Y R R O L E S . T H E  S T R U C T U R E  O F  
2 ,5 -D IP H E N Y L P Y R R O L E -3 -D IA Z O N IU M  C H L O R ID E

By Alfred K reutzberger1  and Paul A. K alter

Scientific Laboratory, Ford Motor Company, Dearborn, Michigan
Received September 26, 1960

For the purpose of structure determinations in the pyrrole series, the infrared spectra of pyrrole (III) and four of its 
simple non-functional derivatives, viz., 2,5-dimethylpyrrole (IV), 2,5-diphenylpyrroIe (V), 1-methylpyrrole (VI) and 1- 
phenylpyrrole (VII) have been measured from 4000-670 cm.-1, and correlations of absorption bands to vibrational elements 
have been established. _ On the basis of these investigations, the nature of 3-diazo-2,5-diphenylpyrrole has been found to be 
that of resonance hybrid (I). The structure of the “ hydrochloride of 3-diazo-2,5-diphenylpyrrole”  has been elucidated by 
these infrared studies to be 2,5-diphenylpyrrole-3-diazonium chloride (II).

Introduction reaction, being the most important method for
In connection with attempts at synthesizing the the preparation of azo compounds in general, 

as-yet-unknown azopyrroles, the azo coupling was considered one of the most promising routes
Cl) Presented at the 138th National Meeting of the American tOWRrd the Contemplated neW Compound claSS. 

Chemical Society in New York, N. Y„ September, I960. Investigation of this route Would require avail-
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ability of a possibly simple pyrrolediazonium salt 
as a model substance. However, neither the parent 
compound of any pyrrolediazonium salt, nor any 
derivative thereof carrying only non-functional 
substituents, was known hitherto. Theoretically, 
such a model substance should be accessible through 
the reaction of an aminopyrrole with sodium nitrite. 
Unfortunately, the simplest aminopyrroles, e.g ., 
aminopyrrole itself or the amino C-methyl or C- 
phenyl pyrroles, are not known either.

Thus the simplest known aminopyrrole model 
substance appeared to be 3-amino-2,5-diphenyl- 
pyrrole (IX). As a matter of fact, this compound 
does react with sodium nitrite in concentrated 
acetic acid but, instead of a diazonium salt, 
furnishes a free diazopyrrole, CieHnNs (I ) . 2  

Angelico2 assigned to it structure IA or IB.

II IICeHs-JI J—CeH,
\ n A ---------------N

IA IB

As a diazo compound, this substance was ex­
pected to undergo coupling reactions with suitable 
agents under proper conditions. However, dif­
ficulties were encountered in preliminary experi­
ments. To overcome these, the structure of the 
diazo compound was reinvestigated. Surprisingly, 
the infrared spectrum was not one expected of a 
structure IA or IB. The elucidation of this 
structure was rendered even more difficult by the 
fact that not much was known about the chemistry 
of this compound. The only two facts known with 
certainty were that it is so stable as to remain un­
changed even under the action of concentrated 
sulfuric acid, and that it gives a hydrochloride 
(II ) . 2 This hydrochloride (II) has neither been 
ever analyzed nor any structure been assigned. 
One could reasonably speculate, however, that this 
hydrochloride might have the structure of a 
diazonium salt. To obtain an insight into the 
structure, an infrared study was deemed to be most 
promising.

A requirement for this investigation was the 
availability of a general frequency scheme of the 
pyrrole nucleus and particularly the combination 
of pyrrole and benzene nuclei. Although infrared 
spectra of several pyrrole derivatives are scattered 
throughout the literature, no comprehensive inter­
pretation can be found which would facilitate 
elucidation of obscure pyrrole structures. While 
the strictly organic part of this problem is dealt 
with elsewhere, 3 this paper discusses the physical- 
chemical aspects pertaining to the structure eluci­
dation of I and II.

Experimental
The infrared spectra were recorded with a Perkin-Elmer 

double beam spectrophotometer, Model 137. In the case 
of solid substances, the measurements were made on pressed 
disks of pure potassium bromide in which the compounds 
were dispersed. Liquid substances were measured undi­
luted. No compensation plates were used in the reference 
beam. The spectra were taken from 4000-670 cm .-1 as

 ̂ (2) F. Angelico, Atti reale accad. Lincei, [51 14, II, 167 (1905).
(3) A. Kreutzberger and P. A. Ivalter, J. Org. Chem., 26, in press 

(1961).

C6H.j
\ N/ "

•N

■n
c 6h 6

plots of percentage transmittance against wave number or 
wave length, respectively.

Liquid substances were purified by vacuum-fractionation 
under nitrogen, and the following fractions were used for the 
infrared measurements: pyrrole (III) b.p. 45° (30 mm.), 
nwD 1.5094; 2,5-dimethylpyrrole (IV ) b.p. 83° (30 mm.), 
nwD 1.4958; 1-methylpyrrole (V I) b.p. 110-111° (760 
mm.), nwD 1.4866. 2,5-Diphenylpyrrole (V ) was prepared4 
from ireros-l,4-diphenyl-2-butene-l,4-dione and purified 
by recrystallization from ethyl alcohol-water; m.p. 143- 
144°. 1-Phenylpyrrole (V II) was purified by sublimation; 
m.p. 61-62°. 3-Diazo-2,5-diphenylpyrrole (I ) and its 
hydrochloride (II) were prepared by known procedures 
starting with 2,5-diphenylpyrrole (V )4 and converting this 
via 3-nitroso-2,5-diphenylpyrrole (VTII) to the 3-amino- 
2,5-diphenylpyrrole (IX ).

i-AmONO 
---------------->

C6H6-

— N = 0  

— c 6h 5
\N/

H
VIII

H2, Pd 
--------- >

H
IX

h n o 2
■ > I

In order to overcome Angelico’s difficulties2 in obtaining 
sufficient material, the methods used in all intermediate 
steps were improved such as to give more satisfactory yields. 
Because of the organic nature of these investigations, de­
tails are described in a separate publication.3

Results and Discussion
The behavior of the pyrrole ring is best described 

in terms of a resonating benzenoid system. It has 
thus no fixed double bonds and therefore does 
neither undergo additive reactions typical of 
olefins nor act as a diene in the Diels-Alder reaction. 
Moreover, its aromatic behavior is manifested in 
the ease with which it undergoes substitution re­
actions, as nitration, halogenation, Gattermann, 
Hoesch and Reimer-Tiemann reactions. Quan­
titatively, the degree of aromatization in the pyr­
role nucleus is expressed by the amount of 31 kcal./ 
mole. 6

By analogy one might then expect the vibrational 
spectra of pyrroles to resemble those of carbocyclic 
aromatic compounds but modified by the NH group 
of the pyrrole ring. To study the fundamental 
vibrations of the pyrrole nucleus in 2,5-diphenyl­
pyrrole (V), the infrared spectrum of this compound 
has been lined up with those of pyrrole (III), 2,5- 
dimethylpyrrole (IV), 1-methylpryrole (VI) and 
1-phenylpyrrole (VII) (Fig. 1).

Criteria of a resonating system are skeletal 
vibrations of semi-unsaturated carbon-carbon and, 
in addition to these in the case of pyrroles, carbon- 
nitrogen bonds. On the basis of the fundamental 
studies in the benzene series, 6 on thiophenes, 7  

furans8 and s-triazine, 9 the characteristic skeletal
(4) A. Kreutzberger and P. A. Kalter, J. Org. Chem., 25, 554 

(1960).
(5) V. Schoraaker and L. Pauling, J. Am. Chem. Soc., 61, 1769 

(1939).
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Fig. 1.—Infrared absorption spectra of pyrrole (III), 
2,5-dimethylpyrrole (IV), 2,5-diphenylpyrrole (V), 1-methyl- 
pyrrole (VI) and 1-phenylpyrrole (VII).

stretching modes of pyrroles must be assigned to 
the 1700-1350 cm . - 1  region in which a group of 
three to four bands appears. For 2,5-diphenyl 
pyrrole, they may be found at 1590, 1480 and 1450 
cm.-1.

Of other skeletal modes, a ring-breathing fre­
quency may be expected in the 1000-800 cm . - 1  

range. The bands at 870, 990, 900, 960 and 920 
cm y 1  for, respectively, III, IV, V, VI and VII 
may be assigned to this cause.

In addition to these skeletal vibrations, aromatic- 
type structures exhibit as another characteristic 
those frequencies caused by vibrations of hydrogen 
atoms directly attached to the ring. These can be

(6) W. R. Angus, C. R. Bailey, J. B. Hale, C. K. Ingold, A. H. 
Leckie, C. G. Raisin, J. W. Thompson and C. L. Wilson, J. Chem. Soc., 
966, 971 (1936); K. S. Pitzer and D. W. Scott, J. Am. Chem. Soc., 65,
803 (1943).

(7) A. R. Katritzky and A. J. Boulton, J. Chem. Soc., 3500 (1959).
(8) A. R. Katritzky and J. M. Lagowski, ibid., 657 (1959).
(9) J. Goubeau, E. L. Jahn, A. Kreutzberger and Ch. Grundmann, 

J. Phys. Chem., 58, 1078 (1954).

divided into = C —H stretching in the 3000 cm . - 1  

region, 1 0  = C — H in-plane deformation1 1  between 
1300 and 950 cm.-1, and out-of-plane bending1 2  

at 1000-650 cm.-1. Particularly, the = C —H 
stretching vibration is a safe means of recognizing 
a resonating ring system. It occurs in all pyrrole 
derivatives III through VII at 3020-2920 cm.-1. 
Mention must be made of the fact that on the low 
wave length side of the infrared spectrum of pyr­
role (HI), three absorption bands appear, viz., 
at 3420, 3100 and 2940 cm.-1, of which the latter 
is being assigned to the = C —H stretching mode. 
Coblentz, who measured the infrared spectrum of 
pyrrole for the first time, 1 3  did not find this band 
because the technique he used did not enable him 
to resolve the one broad band he found into the 
existing three bands. Subsequent investigators in 
infrared spectroscopy of pyrrole (III ) 1 4 ' 1 5  only 
considered the range up to 1500 and 1900 cm.-1, 
respectively.

The ==C—H stretching mode has also been found 
in other resonating heterocyclic nuclei, e.g ., 
thiophene, 1 6  pyridine, 1 7  pyrimidine. 1 8  ■ 19

Another type of vibrations expected of hydrogen 
atoms attached to an aromatic ring results from 
the = C — H in-plane deformation mode. This 
gives cause to the appearance of a series of bands 
whose position is largely determined by the position 
of hydrogen and other substituents. In analogy 
to benzene and its derivatives, 1 1  the region between 
1320-1010 cm . - 1  may be assigned to the = C — H 
in-plane deformation vibrations in pyrrole and its 
non-functional derivatives. The outstanding ab­
sorptions in this region of pyrrole (III) are at 1280, 
1140, 1080, 1050 and 1020 cm.-1, while those of
2,5-diphenylpyrrole (V) can be found at 1260, 1180, 
1150, 1070 and 1050 cm.-1. It is noteworthy that 
the band at the high frequency side of this region is 
particularly marked in the N-substituted pyrroles, 
i .e . , with 1-methylpyrrole (VI) (1280 cm.-1) and 
1-phenylpyrrole VII (1320 cm.-1).

A third series of bands shown by carboxyclic 
aromatic compounds stems from = C — H out-of­
plane deformation vibrations. 1 2  The positions 
of these bands have been shown to be characteristic 
of the number and position of C -H  bonds and to 
be largely independent of the nature of the substi­
tuents. 20 On the basis of these findings, the ab­
sorption bands at, respectively, 740, 770, 750, 720 
and 720 cm . - 1  in III, IV, V, VI and VII may be as-

(10) J. J. Fox and A. E. Martin, Proc. Roy. Soc. {London), A167, 
257 (1938).

(11) R. R. Randle and D. H. Whiffen, Trans. Faraday Soc., 52, 9
(1956).

(12) N. B. Colthup, J. Opt. Soc. Am., 40, 397 (1950).
(13) W. W. Coblentz, “Investigations of Infra-Red Spectra,” 

Carnegie Institute of Washington, Washington, D. C., 1905, 99, 143, 
278.

(14) R. Manzoni-Ansidei and M. Rolla, Atti reale accad. naz. Lincei, 
re] 27, 410 (1938).

(15) R. C. Lord, Jr., and F. A. Miller, J. Chem. Phys., 10, 328 (1942).
(16) G. Waddington, J. W. Knowlton, D. W. Scott, G. D. Oliver, 

S. S. Todd, W. N. Hubbard, J. C. Smith and H. M. Huffmann, J. Am. 
Chem. Soc., 71, 797 (1949).

(17) C. H. Kline, Jr., and J. Turkevich, J. Chem. Phys., 12, 300 
(1944).

(18) L. N. Short and H. W. Thompson, J. Chem. Soc., 168 (1952).
(19) A. Kreutzberger, Z. physik. Chem. {Frankfurt), 24, 368 (I960).
(20) D. A. McCaulay, A. P. Lien and P. J. Launer, J. Am. Chem. 

Soc., 76, 2354 (1954).
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signed to the = C — H out-of-plane deformation 
mode in pyrroles. The remaining bands of this 
region in 2,5-diphenylpyrrole (V) (780 and 690 
cm.-1) and in 1-phenylpyrrole (VII) (760 and 690 
cm.-1) are to be considered due to = C —H out- 
of-plane vibrations of the benzene ring2 1  mono- 
substituted by the pyrrole nucleus.

The NH group as the unique pyrrole feature 
among resonating systems would cause one to 
expect a single vibration in the NH stretching 
region typical of secondary amines. This is indeed 
the case with all pyrroles unsubstituted in 1 -posi­
tion as demonstrated on III, IV and V, the NH 
stretching absorptions being found at 3410, 3360 
and 3410 cm.-1, respectively. In this range, the 
parent compound III, and it alone, shows a second 
absorption at 3110 cm.-1. In view of the fact that 
even the relatively low position, of the main NH 
absorption at 3410 cm . - 1  has been shown to be due 
to hydrogen bonding effects, 2 2  * it is reasonable to 
consider the band at 3110 cm . - 1  to be due to this 
cause also. In agreement with this assignment is 
the fact that other secondary amines also show 
a second absorption at higher concentrations. 
As is to be expected, no absorption in this region is 
found with pyrroles bearing substituents in 1 - 
position like 1-methylpyrrole (VI) and 1-phenyl­
pyrrole (VII).

This general vibration scheme of the pyrrole 
nucleus is only little changed upon entering of a 
substituent other than hydrogen. If, for example, 
an amino group is attached to the pyrrole ring of
2,5-diphenylpyrrole (V), the absorption bands in 
the infrared spectrum of 3-amino-2,5-diphenyl- 
pyrrole (IX) (Fig. 2) are essentially the same as 
in V, but the additional NH 2 group in IX  shows up 
clearly through its pronounced N -H  stretching 
vibration at 3310 cm . - 1  and the C -N  stretching 
mode at 1300 cm.-1, the latter hardly influencing 
the original nearby 1260 cm . - 1  = C — H in-plane de­
formation mode of V at all.

Introduction of the diazo group into 2,5-di­
phenylpyrrole (V) also leaves absorptions stemming 
from skeletal and ==C— H vibrations largely un­
touched. However, the most outstanding feature 
in the infrared spectrum of 3-diazo-2,5-diphenyl- 
pyrrole (I) (Fig. 3) is a very strong band in the 
triple bond region at 2040 cm . - 1  which can only be 
interpreted as belonging to the diazo group. With 
regard to the fact that the fifth valence of the nitro­
gen atom in a structure IC in reality is an ionic bond

3-diazo-2,5-diphenylpyrrole may best be repre­
sented as the resonance hybrid I

© e  
-¡=n = n
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0

Ceils \
i f

-NsN
C6Iis
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Figs. 2, 3 and 4.—-Infrared absorption spectra of 3-amino-
2.5- diphenylpyrrole (IX ), 3-diazo-2,5-diphemdpyrrole(I) and
2.5- diphenylpyrrole-3-diazoniumchloride (II).

The two mesomeric species of I are void of the 
original secondary amino function of the pyrrole 
nucleus. This situation is borne out by the fact 
that the infrared spectrum of I shows no absorp­
tion band in the N -H  stretching region. Instead, 
the nitrogen atom of the pyrrole ring in I is present 
as a tertiary amino group. This feature is mani­
fested in the strong bands at 1350 and 1330 cm . - 1  

typical of C -N  stretching vibrations of tertiary 
amines. 1 2

The infrared spectrum of the hydrochloride II 
of 3-diazo-2,5-diphenylpyrrole (I) still exhibits 
the strongest absorption in the triple bond range 
(Fig. 4), but the position is shifted from 2040 cm . - 1  

in I to 2100 cm . - 1  in II. Although the vibrational 
relationship between diazo compounds and the 
corresponding diazonium salts has never been stud­
ied, a comparison of diazo triple bond structures2 8  

with diazonium salt triple bonds2 4  reveals that there 
is generally a shift toward higher frequencies when 
proceeding from the former to the latter. On 
the basis of this relationship, the hydrochloride 
II of I may then be assigned the structure of 2,5- 
diphenylpyrrole-3-diazonium chloride as repre­
sented by structure II

©
Ü------|j—N=N

Cells—\ N/ —CeHs 
H

II

c i e

In structure II, the normal pyrrole ring con-
(21) M. Josien and J. Lebas, Bull. soc. chim. France, 53 (1956).
(22) N. Fuson, M. Josien, R. L. Powell and E. Utterback, J. Chem.

Phys., 20, 145 (1952).

(23) J. H. Boyer, J. Am. Chem. Soc., 73, 5248 (1951).
(24) K. B. Whetsel, G. F. Hawkins and F. E. Johnson, ibid., 78, 

3360 (1956).
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taming the secondary amino group has been re­
established. This would require the NH stretch­
ing band to appear again, an expectation which is 
fulfilled in the infrared spectrum of II. Chemical 
proof for the correctness of assigning compound

II the structure of 2,5-diphenylpyrrole-3-diazo- 
nium chloride is its capability of undergoing cou­
pling reactions with suitable coupling components. 
Diazo coupling with other pyrrole derivatives has 
thus led to the new compound class of azopyrroles. 3

R A D I A T I O N  C H E M I S T R Y  O F  IO N IC  S O L ID S . I. D IF F U S IO N - 
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The Gnoi-  values for the radiolysis of alkali-metal nitrates have been determined at temperatures from —110° to 340°. 
The accuracy of the method was adequate to definitely detect a kinetic isotope effect in the rate of radiolysis of K N 140a18 
relative to K N 140 319 at 25°. The ratio of the G-values of these isotopic K N 03 materials was 1.03 ±  0.03 at —110° but
1.12 ±  0.02 at 25°. A model which identifies the rate-determining process in the radiolysis of the various nitrates as the 
jump probability for escape of the oxygen fragment from an excited NOj- , gives consistent results when treated by a theory 
developed for diffusion in metals.

Several factors of possible importance in the 
mechanisms of radiation-induced decomposition of 
ionic solids arise from their rigidity, order and defect 
structure. These include: (1) greatly decreased 
probability of rapid diffusion of product species 
away from the reaction sites; (2 ) ease of propaga­
tion of exciton waves through the ordered lattices 
and the existence of stable trapping centers for 
excitons and electrons; (3) Existence of preferred 
directions for dissociation and product orientation. 
The relative importance of these factors is being 
studied in various solids. The alkali-metal ni­
trates form the first sequence of salts investigated.

Large differences have been reported between the 
rates of radiation-induced decomposition of various 
solid nitrates under either ultraviolet, 2 y-ray , 3 or 
X-ray4 irradiation. While there is general agree­
ment that the primary process is unimolecular dis­
sociation of an N 0 3 species producing nitrite and 
oxygen , 2 - 7  the varying sensitivities have been at­
tributed to (A) different polarizing power of the 
cations, 2 (B) to competition between nitrate ions 
and oxygen atoms for the oxygen fragments pro­
duced , 3  and (C) to differences in the closeness of 
packing of the crystal structures. 4 Factor (C) is 
related to ease of diffusion and the present paper 
reports further investigations of the importance of 
this “ cage”  effect in the y-ray radiolysis of alkali- 
metal nitrates.

Experimental
Holders.— Samples for irradiation were weighed to 

±0.005 mg. into numbered Pyrex holders( H ) accurately 
ground to 0.455 ±  0.025 cm. o.d. (See Fig. 1.) Care was 
taken that samples always occupied ~ 2  mm. length at the 
bottom of the 1 mm. bore of the holders. They were com­

il) Based on work performed under the auspices of the U. S. 
Atomic Energy Commission.

(2) P. Doigan and T. W. Davis, J. Phys. Chem., 56, 704 (1952).
(3) C. J. Hochanadel and T. W. Davis, J. Chem. Phys., 27, 333

(1957) .
(4) J. Cunningham and H. G. Heal, Trans. Faraday Soc., 54, 1355

(1958) .
(5) A. O. Allen and J. A. Ghormley, J .  Chem. Phys., 15, 208 (1947).
(6) L. K. Narayanawamy, Trans. Faraday Soc.t 31, 1411 (1935).
(7) G. Hennig, R. Leea and M. S. Matheson, J. Chem. Phys., 21 

604 (1953).

pacted down and stray grains removed from the inside walls 
with a polished tungsten rod.

Irradiation Vessel.— The principal features of the stain­
less steel vessel, designed to give exactly reproducible posi­
tioning of the sample holders, are diagrammatically rep­
resented in Fig. 1. The holders were pressed tightly into 
numbered slots in the copper block A by retaining bands. 
Their vertical positioning was made exact by the heat- 
radiation shield S, and lateral changes in the position of A 
relative to D  were prevented by four clamping screws, F. 
The 4500 curie Co60 -y-ray source rod seated reproducibly 
into cup D , and the outer vessel E seated immovable into 
holes in a fixed stand in the radiation chamber.

Temperature Control.— Temperatures of 25 and —110° 
were registered by thermocouples embedded in sample 
holders at normal positions during irradiation, when tap 
water or liquid N2 was supplied to can B. Pressure wras 
normally ~ 1 0 ~ 3 mm. under continuous pumping during 
irradiation. Temperatures up to 350° were obtained using 
cartridge heaters embedded in A.

Dosimetry.— Absolute dosimetry at the sample positions 
was difficult because of the small sample-holder volumes. 
Reproducible values were obtained with FeS04/C uS04 
dosimeter solutions8 by combining, for each reading of opti­
cal density, equal aliquots from 4 quartz holders of i.d. 0.3 
cm. and o.d. 0.455 ±  0.025 cm. They agreed to within 
6%  with a dose rate of 2.7 X  1021 e .v ./l./m in . determined by 
the Fricke dosimeter at the same distance as the samples. 
Absorbed doses were calculated using, true mass-absorption 
coefficients reported in the literature,8 the above value of 
flux, values of the relative intensity at each position deter­
mined by K N 03, and correction factors for source decay.

Internal Dosimetry.— Several calibration runs were made 
over the duration of the experiments with K N 0 3 in all 16 
positions. At 25 and —110° the reproducibility of the rela­
tive decompositions at the various positions in any run was 
better than ± 1 % . The decomposition at the reference 
positions in several standard runs at 25° did not differ by 
more than 2%  from that calculated from the decay of source 
intensity, and the average difference was less than 1% . In 
all irradiations several normal KNOs samples were used to 
check that the relative intensities did not change and to 
check the actual dose rate. Only above 130° was it found 
necessary to apply a small correction for the intensity in the 
outer positions due to expansion of the copper block.

Preparation of Samples.— All normal nitrates were re­
crystallized and the middle fractions dried in vacuo at 120°. 
They were ground in an agate mortar but not sieved.

Nitrates with high enrichment in stable isotopes N 15 and 
O18 were obtained from Isomet Corp. and the Weizmann In­
stitute Israel, respectively. K N 160 3 and NaN190 3 in the 
text refer to materials supplied as being 99.6% enriched in 
N 15, and K N 140 318 refers, mainly, to a batch of quoted en­

(8) E. Hart, Radiation Research, 2, 33 (1955).
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richment in O18 of 84% . However a separately prepared 
batch of KN^Os18 was supplied as being 87% enriched in 
O18 and its behavior was identical with that of the 84% en­
riched material. The quoted enrichment on K N 160 3 was 
verified by studies of its infrared spectra.

The 0 18/ 0 16 ratio in oxygen evolved from K N 140 318 by 
slow thermal decomposition agreed within ± 1 0 %  with the 
quoted enrichment.

These isotopically enriched samples were recrystallized 
by micro-techniques. Fractional recrystallization and sub­
sequent irradiation were used to determine if the additional 
recrystallization produced changes in G-values but no such 
changes were detected.

Analysis.— The irradiated samples were washed out of the 
containers and analyzed for nitrite within three hours after 
the end of irradiation. This precaution was taken because 
of reported annealing effects in nitrates after irradiation.9'10

Results
Isotope Effects at 25°.— Several detailed inter- 

comparisons between K N 1 4 0 3 1 8  and K N I40 3 1 6  were 
made in alternate positions during an irradiation 
and a ratio of 0 . 8 8  was constantly found in the 
fractional decomposition to nitrite between the 
O 1 8  and O 1 6  containing salt. Similar exact compari­
son for K N 1 6 0 3 with K N 1 4 0 3  and NaN 1 6 0 3 with 
NaN 1 4 0 3 failed to detect any measurable difference 
in fractional decomposition.

Previous studies4 of X-ray radiolysis of K N 1 4 0 3 1 6  

have shown that the data for nitrite formation can 
be represented up to 0.015 fraction of the nitrate 
ions decomposed to nitrite by the relationship y  =  
biX, where y  =  log (fraction of N 0 3-  undecom­
posed) and X =  dose. Above this fractional de­
composition the data were represented up to the 
highest decomposition attained (0.3 fractional de­
composition) by y  =  a +  &2X, where a  was a con­
stant and the slope, b2, was only 0.7 of bu This 
change to a linear section of lower slope above <M) . 0 2  

fractional decomposition was detected in the X-ray 
studies at all temperatures except those close to 
the transition point of KNOs, and below —30°.

The data here obtained were in exact agreement 
with the X-ray results, when plotted as log (frac­
tion N 0 3~ undecomposed) vs. dose. Figures 2 and 
3  show the graphs thus obtained for K N l4 0 3 1 6  and 
K N 1 4 0 3 1 8  irradiated at 25°. The data were treated 
by the method of least squares to derive the best 
values of b. For K N 1 4 0 3 1 6  the standard deviation 
for 2 2  values before the break in the plot was only 
± 0 .8 % , and, for K N 1 4 0 3 1 8  11 values before the 
break had a deviation of ±1.3% . Since exces­
sively long times were required to attain sufficiently 
high decomposition to delineate the y  =  a +  b2X 
section above ~ 0 . 0 2  fraction decomposed, fewer 
points are available in this region and the standard 
deviations are less significant. From the least 
squares values of b i  and initial Gno,- values cor­
responding to the rate of nitrite formation for energy 
absorbed in the pure nitrate, were readily calculated 
and are listed in Table I. The points of particular 
interest are that, within the small standard devia­
tion derived by the least-squares method, and rel­
ative to the rate of production of (N 1 4 0 216) -  from 
KN 1 4 0 3 1 6  as a standard: (a) No kinetic isotope 
effect is detected in the production of (N 1 5 0 216)~ 
from K N 1 5 0 316, since the ratio of initial G-values is

(9) A. G. Maddock, Nature, 182, 1797 (1958).
(10) A . 9. Baberkin, Proc. All-Union Conference Moscow, March 

1957. “ Chemical Action of Coao 7 -Radiation on Solid Crystalline 
Salts."

VACUUM

Fig. 1.— Irradiation vessel: A, copper block; B, coolant 
can; C, thin-wall leads into B ; D, positioning cup for 
source; E, outer metal container; F, positioning screws; 
H, sample holder; S, heat shield.

Fig. 2.— First-order plot for the decomposition of normal 
KNO3 at 25° up to ~0.035 fraction decomposed.

Fig. 3.— First-order plot for the decomposition of KNO3 
enriched to 84%  in O13. Values for 87%  enriched material 
do not differ significantly.

1.015 ±  0.021; (b) An anomalously large kinetic 
isotope effect exists at 25° in the formation of (N 14-
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Fig. 4.— Decomposition of normal KNOs up to 0.035 fraction 
decomposed, at 122 and —110°.

0 ' 5 10
ABSORBED DOSE (eV per Mole) X 10 23

Fig. 5.— Decomposition up to 0.035 fraction decomposed 
for KNO3 enriched in O18: (a) at 122° all points refer to 
84% enriched KNO3. (b) at —110° points for various en­
richments fall upon the same line.

0 218)~ from K N 1 4 0 318, up to 0.015 fraction decom­
posed, the ratio of initial G -values being 1 . 1 2 2  ±  
0.024; (c) This latter isotope effect is greatly re­
duced after the change to the y  =  a  4- f>2X region, 
since the ratio of the slopes is then 1.02 ±  0.07.

T able  I
Initial process Second process 62/  

Salt (?N02~ — bi (?N02-  55 62 bi
K N 140 316 1.456 ±  0.011 0.902 ±  0.029 0.63

(22)“ (11)“
KN140 318 1.298 ±  0.017 0.888 ±  0.037 .68

(11)“ (4)“
K N 150 316 1.435 ± 0 .0 1 9  .....................

(10)“
K N 140 316 (X-rays) 1.89 ±  0.019 1.32 .70

“ Numbers in brackets indicate number of experimental 
determinations from which the mean square values and 
standard deviations were calculated.

Isotope Effects in K N 03 at Other Tempera­
tures.—The complication of a change in slope 
was not encountered in the X-ray data4 below — 30° 
nor within 10° of the transition point at 127°. 
Data for the 7 -radiolysis of K N 0 3 at —110 and 
122° likewise show no change in slope (Fig. 4 and 
Fig. 5). The graphs are accurately linear up to 
0.05 fractional decomposition, and Gnoj- values 
calculated from the least-squares slopes, with their 
standard deviations, are shown in Table II.

Again relative to production of (N 1 4 0 216) -  from 
K N 1 4 0 3 1 6  as a standard at each temperature, it is 
seen that: (a) At —110° the rate of production of 
(N 1 6 0 216)~ from K N 1 6 0 3 1 6  and that of production of

T able  II
V alues up to 0.05 F raction D ecomposed, A ccurately 

R epresented  b y  y =  bX

Salt
Temp.,

°C. 6?n 0 2 -  53 b Ratio of G-values
KN»Os>8 - 1 1 0 1.428 ±  0. 023 > <?(0 16)
KN140a18 - 1 1 0 1.472 zb .,0 2 0 )

—-----  -  1.030 ±  0.033
G(0 1S)

KN'sOji» - 1 1 0 1.518 zb .. 0241
G(N14)- 7—  = 0.970 ±  .04 
<7(N‘»)

KN140j18 1 2 2 2.250 zb ..023) G'( 0«)
KN“ 0.i* 1 2 2 2.130 d= ..04 )

--------- =  1.06 =b .027
G(018)

(N 1 4 0 218) -  from K N 1 4 0s 1 8  do not differ by more 
than the combined standard deviations from the 
reference. In consequence no kinetic isotope effect 
greater than 3%  is detected at —110°, and this 
result provides important evidence that the isotope 
effects detected at 25 and 122° do not arise from 
some unknown factor in the method, since it seems 
improbable that an experimental procedure giving 
this agreement at —110° would give rise to a dif­
ference of 1 2 %  when only the temperature during 
irradiation was changed; (b) At 122° a large kinetic 
isotope effect still exists in the production of (N 14- 
0 218) -  from K N 1 4 0 318.

Kinetics Studies of N 02~ Production in Other 
Nitrates at 25°.— The explanation previously 
advanced4 for the occurrence of the change in slope 
for K N 0 3 at ~0.015 fraction decomposed was that 
this point corresponded to the appearance of inter­
stitial oxygen molecules in the lattice. Evidence 
was sought in the present work for the occurrence 
of such a “ break” in the first-order plots for other 
nitrates, since the interstitial molecules should 
likewise build up in them under irradiation. In 
all these other nitrates the initial values accurately 
obeyed the [log (fraction of N 0 3~ undecomposed) 
=  b X  Dose] relation, and accurate initial ( ? n o 2-  
values derived from the values of the slope b, are 
compared in Table III with previous data. Con-

T able  III
C omparison of <7no2-  V alues D erived  b y  L east- squares 
(C olumn  2), w ith  Previously R eported (?no, -  V alues

Temp.,
°C. 25° -110° 24° 15“

NaNOs 0.200 ±  0 004“ 0.341 ±  0.013 0.25 0.37
K N 0 3 1.456 ± Oil 1.472 ±  .017 1.57 1 .96
RbNOs 0.60 ± .10 0.79 ±  .05 0.64
CsNOs 1.72 ± .10 1.364 ±  .043 1.68 1.37
B a(N 03)2 1.80 ±  ..10 1.462 ±  .020 1.88 1.75
Ref. This work This work (3) (4)

“ The errors quoted are exact relative to that method of 
determination, but errors in absolute dosimetry of ~  ± 5 %  
are possible from one work to another. Errors in the cal­
culated continuous spectrum from an X-ray tube are be­
lieved responsible for the substantially different values for 
ref. 4.

sidering the uncertainty of ± 5 %  in the absolute 
dosimetry, agreement with previous 7 -ray data is 
good. When the fractional decomposition at 25° 
exceeded 0.015 for R bN 03, CsN 0 3 and Ba(N 0 3) 2 

the values fell greatly below the extrapolation of 
the initial line but only for CsN0 3 were sufficient 
data obtained to delineate clearly a section of lower 
slope (Fig. 6 ). For NaN 1 4 0 3 the highest fractional 
decomposition attained was 0.008 and values lay 
accurately upon a straight line. Values for NaN 1 6 0 3
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T able  IV
Temp,,

°C . NaNOj K N ” Oa« K N 14Os18 R bN O j CsNOi B a (N 0 3)2 LiNOa
60 0 . 3 0 8  ±  0 . 0 2 1 . 4 6  ±  0 . 0 4 1 . 4 0  db 0 . 0 4 0 . 7 8  ±  0 . 0 5 1 .6 6  ±  0 . 0 5 1 . 7 8  ±  0 . 0 6
81 .4 7  ±  .03 1 . 6 2  ±  .0 3 1 . 4 0  ± 04 0 . 9 5  ±  .0 5 1 . 6 2  ±  .0 6 1 .7 3  d :  . 0 6

122 .6 7  ±  .0 2 2 . 2 5  ±  .0 3 2 . 1 3  ± 04 1 .1 1  ±  .0 5 2 . 1 2  ±  .0 8 1 . 8 9  d= .0 6
190

O-Ho

2 . 8 4  ±  .2 0 2 . 9 8  d= 20 2 . 5 4  ±  .1 0 3 . 1 3  ±  .1 5 1 .8 1  db .0 8
330 5 . 1  ( L ) “ 5 . 8  ( L ) ° 6 . 9  ( L ) “ 4 . 5 ( b ) « 7 . 0  ( L R 0 . 8  (s) 0 . 0 7  ( L ) «
“ L for liquid.

did not depart significantly from this line indicating 
the absence of any (N 1 4 /N 16) isotope effect in the 
radiolysis of N aN 03. (Fig. 6 .) Results obtained 
for CsN0 3 and Ba(N 0 3 ) 2 at —110° are shown in Fig. 
6  to lie accurately upon a single line with no evidence 
for the change in slope found at 25°.

Initial (?n o , -  Values at Temperatures 25- 
350°.— For the range up to 0.01 fraction decom­
posed the formation of nitrite was accurately first 
order at 60, 80, 122,190 and 240° for all the nitrates 
studied. Gno2- values corresponding to the slopes 
are given in Table IV. The temperature depend­
ence of the (?N0 2 - values of the solids is referred to 
in detail in the discussion. However, each (?n o 2-  
value quoted at 330° was determined by an experi­
ment giving only 2 values for each nitrate. For 
this irradiation of molten nitrates the samples 
were first melted in  vacuo in quartz holders and 
pumped down to < 1 0 “ 6 mm. at which pressure 
they were sealed off, and irradiated at 330 ±  10°. 
The (tn o 2-  values can be in error by ~  ±10%  
owing to creepage of the molten nitrates but have 
the same magnitude as that (G  =  6 ) reported1 1  for 
decomposition of K N 0 3 by fission recoil, where 
the environment of the spur is essentially molten. 
The small C?n o 2-  value found for LiN0 3 does not fit 
the behavior noted in the other alkali-metal ni­
trates at 330°. This is attributed to further de­
composition of the nitrite to produce oxides of nitro­
gen which were detected in the quartz holder after 
irradiation.

Discussion
In terms of the model proposed to account for the 

great differences in C?n o 2-  values under X-ray ir­
radiation, 4 the probability of dissociation of excited 
nitrate ions is determined in each nitrate by the 
closeness of packing of the surrounding ions. The 
free-space of each crystal, which is simply the 
average volume per ion pair minus the combined 
volume of cation and anion, is an inverse measure 
of the closeness of packing. On a crude P. Energy 
diagram representation this “ free-space” deter­
mines the height of the barrier which the oxygen 
fragment of a dissociating excited nitrate ion has to 
surmount to achieve (Fig. 7) minimum critical 
separation from the nitrite fragment (Fig. 7). 
Although activation energies calculated by two 
independent methods for the different nitrates be­
tween 15 and 150° (and then thought to correspond 
to temperature effects on factors a, b and c in Fig. 
7 ) were in fair agreement, 4 it is not certain that 
transition-state methods are strictly applicable to 
this case of a dissociating excited ion in a solid. 
The availability of the isotopically enriched K N 0 3

(11) D. Hall and G. N. Walton, J. Inorg. Nucl. Chem., 10, 215
(1959).

Fig. 6.— Decomposition of various nitrates at the tempera­
ture shown, up to ~0.03 fraction decomposed.

Fig. 7.— Approximate P  energy diagram illustrating the 
relevance of considerations a-d to the dissociation of NO3-  
in an ionic lattice.

materials provides the opportunity of specific study 
of possible contributory factors a,b,c and d in the 
model in Fig. 7. Corresponding to factor a, the 
dotted vibrational energy levels are lower because of 
the lower zero-point energy of an N 1 4 - 0 18 or N 16-  
O 1 6  bond relative to N 1 4 - 0 16. From the results 
with K N 1 5 0 3 and NaNI50 3  such lowering of the 
zero point energy alone does not contribute any
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°c.

Fig. 8.— Temperature dependence of G W  values of alkali 
metal nitrates.

detectable isotope effect in this case. A maximum 
change of 33 cm . - 1  in the vibrational levels of 
K N 0 3 by N 16 substitution has been measured1 2  and 
similar changes are expected for 0 1 8  substitution. 
The contribution to the isotope effects in K N 1 4 0 3 18  

due to zero point energy changes are therefore ex­
pected to be small. Additional factors must be 
taken into consideration for the O 1 8  substituted salt. 
The nature of these factors can be understood by 
analogy with the results of Lampe and Noyes1 3  

for the photolysis of iodine in inert solvents. They 
found the quantum yield decreased with increasing 
mass of the surrounding solvent particles; for the 
case of K N 0318, the mass of the surrounding oxygen 
atoms has been increased and a similar decreased 
probability of dissociation is possible (factor d in 
Fig. 7).

Since the rate-determining factor is essentially 
the jump probability for an oxygen atom away from 
the nitrite fragment, i .e . , diffusion, the approximate 
treatment which follows is based upon that recently 
developed by S. A. Rice for diffusion in metals. 1 4 ' 16

Rice considers the jump probability r  of an atom 
in a metal lattice to reach the nearest stable con­
figuration. The basic assumptions of the model 
are: (1) The amplitude of thermal vibration of the 
diffusing atom must be sufficient to carry it from 
one stable configuration to another; (2) The 
neighboring atoms tend to obstruct the motion of 
the diffusing atom, and so for a successful jump they

(12) E. V. Sayre, J. Chem. Phys., 31, 72 (1959).
(13) F. E. Lampe and R. M. Noyea, J. Am. Chem. Soc., 76, 2140 

(1954).
(14) S. A. Rice, Phys. Res., 112, 804 (1958).
(15) A. W. Lawson, S. A. Rice and R. D. Corneliussen, Report NP- 

207, pg. 1-20.

must move a sufficient distance away from the path 
of the diffusing atom that a hole is opened for its 
motion. Then r m is given by ElC-P(foi>5) where

i j
the summation extends over all nearest neighbors 
and P ( h i , 8 ) defines ( 1  and 2 ) as the occurrence of a 
configuration in which the diffusing atom has the 
correct amplitude in the proper direction, and there 
is out of phase motion of the surrounding atom such 
that a path is opened for it.

From consideration of crystal dynamics Rice has 
shown P(fcij,8 ) to be of the form

P(kii. S) =  v exp(—Vo/kT) IX exp(— V-JkT) ^kl
i k> l

For the restricted case of harmonically bound 
atoms, in which the critical amplitude required by 
the diffusing atom is assumed to be one-half that to 
a neighboring lattice site. Rice has obtained the 
form

r m =  nv exp -  ^  Vo +  E  Vi +  E  W ^ / k T ^

where n  is the number of independent paths
v is a weighted mean frequency for the lattice vibrations 
Vo is the energy to give the atom its critical amplitude 
Vj is the energy required to hold the neighboring atom 

from the path of diffusion
TVki is the potential of the mean force between pairs of 

atoms, and formally replaces the correlation term

n * >
k > l

Since the diffusion coefficient is given by 
D =  V2r(A x)2, Ax =  jump length

Then
D =  1/tnV(Ax)i exp Vo +  Z

3

As a working approximation, let us apply this 
equation to the diffusion of oxygen fragments of 
excited N 0 3-  through the cage of surrounding ions. 
TV is here supplied by the excitation into a repulsive 
state and so
< W  <* D =  1/2n'H(Ax)2 expj” — ^ E  F  +  E  W kA/fcrJ

Nitrate crystals expand on heating, therefore E  Fj
j

is not temperature independent as would be true 
for ideal harmonic oscillations.

Graphs of In (7n o , -  v s . l / T  should then give 
values of

E  Vi +  E
j  k> l

The data for various nitrates in this form are shown 
in Fig. 8 .

The graphs are characterized by a high tempera­
ture region where an activation energy is indicated, 
and by apparently slight, or zero, dependence on 
temperature at lower temperatures.

The temperatures at which this change occurs 
together with activation energies from the slopes 
of the temperature dependent regions are presented 
in Table V.

Exponential plots of diffusion or conductivity 
data vs. l / T  for ionic solids, likewise consist of low 
temperature linear sections in which diffusion proc-
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Salt

Onsettemp.,°K. 0.5 Tm, Activation
Free

space,cm.8
Td °K . energy, kcal./mole X 10«

NaNOs < 2 9 8 290 2.77 ±  0.17 4.5
R bN 03 <298 291 2.47 ±  .43 5.1
CsNOa ~360 344 1.95 ±  .19 5.4
K N 14Oa,G 330 303 1.63 ±  .11 5.7
K N 14(V 8 340 2.23 ±  .16 5.7“
Ba(NOs)2 ~470 433 4.5
“ X -R ay powder diffraction patterns of K N 140 ,18 we

identical with those of K N 14Os18, showing that no change in 
lattice parameter accompanied isotopic substitution.

esses proceed via impurity and imperfection mech­
anisms. Diffusion through the crystalline lattice 
onsets more or less sharply at temperatures de­
pendent on crystal treatment and results in rapid en­
hancement of total diffusion and a high-temperature 
linear section of greater slope. 1 6  The temperatures 
T d , at which rapid enhancement of diffusion occur 
in various solids have been summarized by Pimen- 
tal2 3  and generally Td =  (0.5 ±  0.1) Tm, where 
Tm =  M P t i ,  for the release and reaction of trapped 
free radicals. It is interesting, therefore, to observe 
that the temperature at which the Gno«- value for a 
nitrate begins to show normal thermal enhancement 
(called Td in Table V) corresponds closely with 0.5 
Tm for that salt. It is proposed that these tem­
peratures correspond, approximately, with signifi­
cant occurrence of additional diffusion of oxygen 
fragments through the cage of surrounding ions. 
The additional diffusion arises, on this model, from 
the occurrence of favorable configurations of the 
cage which, in turn, appear because of increased 
vibrational amplitude of the units of the cage. An 
alternative statement of the case would be that be­
low the temperature Td° the units of the cage are 
frozen-in, and only above this can they be displaced 
sufficiently to permit the passage of an oxygen frag­
ment.

The activation energies above Td° correspond to 
Pj +  ^ 2 W ,  and the 2  V , term, which is the sum

3  J
of the energies required to cause the surrounding lat­
tice units to have a configuration favorable to dif­
fusion, should be greater for tightly packed lattices 
than for lattices of high free-space. This is true in 
Table V, where the activation energy is seen to de­
crease with increasing free-space.

For N aN 03, the activation energy has a reason­
able value, as shown by an approximate calcula­
tion . Consideration of the packing diagram for this 
crystal shows a favorable direction for dissociation 
along an N -0  bond direction. Regarding atoms as 
hard spheres, separation of the oxygen from the ni­
trite fragment to an interstitial position, requires the 
tilting by ~0.15 A . of four N 0 3~ groups and more 
serious tilt by ~ 0 .3  A . of another N 0 3-  group. 
Force constants of 0.03 X  106 dynes/cm. have been 
used successfully in accounting for the lattice vibra­
tions of ~ 7 0  cm . - 1  for N aN 0 3 1 7  and, using this value, 
an energy of ~1.5 kcal. per mole is required for 
these displacements. The force constant for move­
ment of the Na+ ion is 0.35 X  106 dynes/cm. and

(16) A. B. Lidiard, Ionic Conductivity, “Encyclopedia of Physics,” 
Vol. XX, Berlin, 1957, p. 246.

(17) B. S. Rao, Proc. Indian Acad. Sci., 19A, 93 (1944).
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movement of ~ 0 .1  A . of two Na+ corresponds to 
another 1  kcal./mole.

The experimental activation energy is supported 
by this rather approximate calculation of SFj and 
according to the derivation it should also be less 
than diffusion activation energies measured by 
normal methods. The measured energy of lattice 
diffusion in N aN 0 3 is ~ 5  kcal. per mole. 1 8

The term WAi has not been evaluated for
. k> i

metals and its magnitude is not evident from the 
theory. This is unfortunate since these arguments 
lead to the conclusion that when the lattice becomes 
“ frozen-in”  the Gno,- values should be dependent 
on D , where, with SFj inoperative

D  a  VjrepfAX)2 exp( — 2W/kT)

As an approximation, IFki may be assumed equal
k > i

in all nitrates (since many atom-atom interactions 
do not change with cation) and

G n o j-  ~  D ~  1/inv(Ax)2 X  constant

at one temperature. At —110° the lattices are all 
frozen-in according to the data, and the Gno,- 
values should be dependent on the variable ( A x ) 2 
where A x  is the distance of jump. For excited 
nitrate ions the jump may occur in several 
directions, especially if the excited ion acquires 
rotational energy, and so (Ax)  may occur in any 
direction into the spherical volume around the 
nitrate ion. The free-space is a measure of this 
spherical volume, which is unoccupied, and so of 
the probability that an oxygen fragment can achieve 
the necessary separation (== Ax)  for a complete 
dissociation. It follows that Gno, - should be pro­
portional to (Free-Space)!/’, if the assumptions are 
valid. Within the errors of the experimental 
Gno,-  values, such dependence is consistent with 
the data as shown in Fig. 9.

Isotope Effects.—-The physical implication of the 
dependence on free-space at low temperatures is 
not clear, but it appears that in some directions 
(whose occurrence is related to free space) the 
oxygen and nitrite fragments of a dissociating ion 
can separate to a sufficient distance for completed 
dissociations. There are two distinct treatments for 
such dissociations of excited states.

I. Franck-Condon type treatment where excita­
tion is regarded as vertical with dissociation occur­
ring in times equal to the period of 1 vibration. In 
such cases the dissociation is dependent upon the 
configuration of the ground state upon excitation. 
Schaeffer has calculated the relative probabilities 
of bond rupture in CCh enriched in O 1 8  and verified 
them experimentally. 1 9  His data, stated as the 
probability of bond rupture relative to rupture of a 
C -O 1 6  bond in C 0 2 1 6  are

O18— C— O18 — ->  O18 0.946
O18— C— O16 — ->  O18 0.960
0 ia— C— O18 — -> O“ 1.000

II. Statistical approach in which the excited 
species passes through several states until dissocia­
tion takes place in times of several vibrations. 20 In

(18) Ling Yang, J. Chem. Phyn., 27, 601 (1957).
(19) O. A. Schaeffer, J. Chem. Phys., 23, 1309 (1955).
(20) N. B. Slater, Proc. Roy. Soc. (London), A194, 112 (1948).
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Fig. 9.— Dependence of (?no2_ at —110° on (Free-Space)’/»-

this case, the excited state is not in thermal equilib­
rium with the system and several treatments of 
this quasi-equilibrium have been given . 2 1

An approximate application to the relative rates 
of rupture of (N 0318)* and (N 0316)* gives

¿16 _  / E  — C16\3?I~7
¿18 7T16*7T18 \ E  — 6 1 8 /

where t  and 7r* are partition functions of the ground 
and excited states, respectively, and E  is the energy 
given to the ion and en is the activation energy for 
the dissociation of the nitrate ion containing the 
oxygen isotope n . Values of E  are unknown for 
the complex energy dissipation process of 7 -rays, 
but may be approximated to by 10 e.v. Then using 
values of eie and eX8 from Table V, the second term 
has the value 1.013. The partition functions have 
not been evaluated but, from application of the 
theory of absolute reaction rates to the thermal 
dissociation of NH 4N 0 3, a value of 1.026 has been 
calculated for the ratio of the partition functions in 
the ruptures of the 0 2N -0 1 6  and 0 2N -0 1 8  bond . 2 2  

An isotope effect of about 4%  is thus crudely esti­
mated from the statistical approach. The experi­
mental value was O 16 (?n o 2- / 0 18(?n o 2-  =  1 -03  ±  
0.03 at —110° which agrees with the values ap­
proximately calculated from the nature of the pro­
posed model, for either approach I or II.

The details of the temperature dependence be­
tween — 110° were studied with X-rays4 and showed 
regions over which (?n o 2-  decreased with increasing 
T , leading to a minimum G  about 15°. Further 
evidence for the operation of opposing factors 
comes from the —110 and 25° (?n o 2-  values for the 
nitrates under 7 -irradiation (see Table III). For 
nitrates of small free space such as NaN0 3 and 
RbNOs the G-value is greater at —110° while with 
higher free-space nitrates, Ba(N 03)2, CsN0 3 the 
values at 25° are greater. Deactivation of the 
excited species by lattice collisions, which could be 
more extensive in closely packed lattices, is a prob­
able factor contributing to a decrease in G  from 
— 110 -*■ 2 5 ° .  The thermal expansion of the lat-

(21) A. L. Wahrhaftig, Chapter in “Advances in Mass Spectrom­
etry,” New York, N. Y., 1959.

(22) L. Friedman and J. Bigeleisen, J. Chem. Phys., 18, 1325 
(1950).

tices should increase A x  and so (tn o 2-  and, ac­
cording to the diffusion model proposed here, sig­
nificant occurrence of additional paths for dissocia­
tion through the surrounding lattice cage provides 
another temperature-enhanced factor. Recent re­
sults of free radical diffusion have shown diffusion 
often to start in solids at ~0.4 T m.n

With the appearance of the additional dissocia­
tive paths at ~ 0 .4T m (=  —30° in K N 03) two new 
isotopically sensitive processes can be distinguished 
on the diffusion model.

(a) The jump rate of two isotopes across the 
same energy barrier is theoretically expected to 
favor the light isotope by the inverse root of the 
masses. 2 4  For the relative jump rates of the oxygen 
fragments this ratio is 1.06, i .e . , an isotope effect of 
6 % . The jump rates of Fe66 and Fe59 in silver and 
copper crystals have been experimentally shown to 
be in this inverse ratio of the square root of the 
masses. Similar mass dependence has been found 
for the diffusion of Li6 and Li7 interstitials in sili­
con , 26 and in tungsten. 26 (b) The amplitude of 
lattice vibrations for N 1 6 0 3~ and N 1 8 0 3~ should 
vary, according to classical theory, by the inverse 
square root of the masses. This consideration is 
important because the model represents as a neces­
sary condition for additional dissociations above 
~ 0 .4  T m, the displacement of surrounding units 
from the path of the oxygen. Because of its lower vi­
brational amplitude at any temperature the dis­
placement of N 1 8 0 3-  to a minimum necessary dis­
tance from the path of the oxygen, should require 
greater energy than for N 1 6 0 3~, i.e .

E  Fj(N16Oa~) < E  Fj(Nls0 3- )
3 3

The activation energies for K N 1 6 0 3 and K N 1 8 0 3 

were in fact 1.6 and 2 . 2  kcal./mole. This isotope 
effect has resemblances to the Franck-Rabinowitch 
“ cage”  effect in solution. Since it arises from dif­
ferences in vibrational amplitude an estimate of 
its magnitude would be that

v ( N w Q 3 ~ )  _  l m ( N laO s ~ )  _

KN180 3- j  — \m (N 16Os-)  ~

No studies have been reported by which the 
validity of this “ cage” isotope effect can be justi­
fied. Some such effect is indicated by the magni­
tude of the room temperature (0 1 6 / 0 18) isotope 
effect in K N 03, and in conjunction with the isotope 
effect upon the jump frequency, would provide a 
reasonable explanation for the appearance of a 
larger isotope effect at 25 than at —110°. Above 
25° the magnitude of the isotope effect decreases 
with temperature as predicted by theory for isotope 
effects resulting from differences, in zero-point 
energy. 27

The diffusion-controlled model for the 7 -radiolysis 
is thus seen to be consistent with the observed ini­
tial isotope effects. Operation of the effects of the

(23) A. M. Bass and H. P. Broida, editors, “Formation and Trapping 
of Free Radicals,” Academic Press, New York, N. Y., 1960.

(24) D. Lazarus, Paper to be presented at IAEA Conference Sept. 
1960.

(25) D. Lazarus, private communication, 1960.
(26) G. M. McCracken and H. M. Love, Phys. Rev. Letters, 5, 201

(1960).
(27) H. C. Urey, J. Chem. Soc., 562 (1947).
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lattice cage would obviously cease at the melting 
point. The similarity of the (tno2- values for the 
molten salts where the dissociating excited species 
is surrounded in all nitrates by a relatively easily 
ruptured liquid envelope agrees well with the be­
havior expected from the model. 27

The initial difference of 12% in the rate of radi­
olysis of K N 1 4 0 1 80 3  apparently disappeared above 
the “ break”  at 0.015 fraction decomposed. A 
previous explanation of the K N 0 3  “ break” attrib­
uted it to the build-up of oxygen molecules inter- 
stitially in the lattice and consequent 30% reduc­
tion of probability of dissociation due to decreased 
“ free space.”  The result above conflicts with this 
simple explanation, since a substantially unaltered 
isotope effect would be predicted by it.

Recent results by Johnson and Forten28 have 
shown that the change in slope of the kinetic plot 
for K N 0 3 is accompanied by: (a) sharp increase in 
the heat of solution (77) of the irradiated material. 
The plot of 77 vs. dose shows a sudden sharp rise 
just before that dose corresponding to the “ break” 
and these anomalously high 17-values are obtained 
only for a small range of doses, after which the plot 
regains a slow gradual increase slightly greater than 
that before the anomalous rise. Samples having the 
anomalously high 17-values regained normal values 
when annealed at 150°; (b) an abrupt decrease 
in density of ~ 1 %  with density values constant to 
with 0 .1 %  before and after this change.

These workers associate the additional 77 to strain 
energy of the lattice generated by the misfit of the 
oxygen molecules, and possibly nitrite. They also 
found additional 77 for irradiated NaN0 3 and Cs- 
N 0 3 at the same decompositions at which inflec­
tions occurred in the kinetic plots. In agreement 
with the ideas here developed for the relevance of 
free-space to the diffusion of oxygen, the additional 
strain energy was found to be five times greater for 
NaNOa, than for K N 0 3 which has a much larger 
free-space. Johnson discusses evidence favoring the 
view that this strain energy causes the change to a 
crystal lattice of more open structure in which in­
creased vibration-rotation of the nitrate ions occurs. 
The decrease in (7no2- value is attributed to in­
creased vibration-rotation of the nitrate ions in the 
new structure resulting in added dissipation of 
energy. 28 Since this postulate would not change 
the nature of the dissociation event, it does not ap­
pear probable that it can account for the disappear-

(28) E. R. Johnson and J. Forten, Prog. Rept., June 1960, AEC 
AT (30 1 1824).

ance of the isotope effect. There seems little doubt, 
in view of Johnson’s results, and the persistence to 
high decomposition of a large isotope effect when 
the oxygen escapes continuously from the crystal 
under irradiation at 122°. (Table II), that oxygen 
molecules are intimately involved in the occurrence 
of the “ break.”  Furthermore, Johnson’s data indi­
cate that interstitial molecules are not present in 
large numbers above the break because the anoma­
lously high 77 attributed to their strain energy does 
not persist after the inflection. There is other evi­
dence that the oxygen is present in gas pockets at 
pressures up to 1400 atmospheres. Participation of 
the gas in these pockets in the reaction path could 
occur by any of several mechanisms, but the evi­
dence available is insufficient to decide between 
them. To be acceptable any mechanism must (a) 
account for the absence of any large isotope effect,
(b) explain why the inhibiting effect in K N 0 3  ap­
parently does not occur til the lattice expands, and
(c) why the decomposition continues to be 1 st order 
in [nitrate] above the break. While reaction 
schemes involving the participation of gas pockets 
in the dissociative event can account for (a) by 
replacing the isotopically sensitive diffusion-con- 
trolled dissociative event by an equilibrium-type 
step, possibly with ozone molecules as intermedi­
ates, it does not appear profitable at this stage to 
advance unsupported mechanisms for the dissocia­
tion above the break. Experiments are in prepara­
tion to study the nature of the occluded oxygen 
product by measurements of static magnetic sus­
ceptibility, which may provide the information 
needed to clarify the mechanism in this region.

Conclusions
The representation of the dissociation of nitrate 

ions in terms of a diffusion-based model gives a 
satisfactory and consistent account of the relation­
ship of the free-space to the rate of dissociation of 
the alkali metal nitrates at high and low tempera­
tures. The kinetic isotope effects observed, which 
are anomalous on normal theories of isotope effects, 
are also accounted for by this model, but only for 
decompositions below the inflection in the kinetic 
plots. Further information is needed to clarify the 
nature of the dissociation process at higher de­
composition.
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The kinetics of the reaction between hydrogen bromide and 1,1-diphenylurea needles has been studied from —3 to 50° 
and 50 to 300 mm. pressure by means of a weight change method. The reaction followed parabolic law kinetics derived for 
rod-like particles. Rate constants were proportional to the pressure to the 1.7 power. An Arrhenius plot was obtained 
for the temperature variation of the reaction constants; the activation energy was found to be 7.3 kcal. per mole. The rate 
constant is given by the expression k — 2.4 X 10~3 p^ae -r,s>oiRT seC-- i ( where P  is in mm. and T in °K. The rate-deter­
mining step is interpreted as diffusion of hydrogen bromide from the surface to the reaction interface under a concentration 
gradient, the surface concentration being pressure dependent. A qualitative particle size effect was noted.

Introduction
The basic kinetic laws for gas-metal reactions 

have been well established. Evans, 2 Gulbranson3 

and Mott4 have pioneered studies on the oxidation 
of metals. Their results were interpreted in terms 
of weight change or film thickness measurements. 
Since they were dealing with flat surfaces, particle 
geometry was not a factor.

More recently, gas-solid reactions involving 
powdered materials have been studied. The basic 
kinetic laws evolved from studies with metals were 
modified to take into account the changing surface 
area of the unreacted particle during reaction. 
Previous investigators have derived kinetic expres­
sions for spherical particles, 6 cubic particles, 6 and 
disc-like particles. 7  In the present investigation 
this concept is extended to rod-like particle shapes.

Reaction of gaseous hydrogen bromide with 1,1- 
diphenylurea forms a salt-like product having the 
formula, (C6H 6) 2 NCONH2 -HBr. Since this reac­
tion results in an increase in weight due to the solid 
product formed, the kinetics may be studied con­
veniently by a weight-change method. The melt­
ing point of the reactant is 189°, and thus its loss in 
weight due to volatilization is negligible under the 
experimental conditions. Although the reaction 
product decomposes at about 145°, preliminary 
tests indicated no loss due to decomposition below 
50°.

Theory
The parabolic law is most often followed in gas- 

solid reactions; this law is defined as
dx
di

a , xi =  -  or at =  ^  x  2 (1)

where x  is the film thickness of product at time t 
and a is a proportionality constant. The film thick­
ness of product is not easily measurable, but can 
be related to the fraction converted, F . The latter 
quantity can be determined experimentally from 
weight-gain measurements taken during the course 
of the reaction. Equation 2 expresses this relation­
ship

(1) Paper presented at the Spring 1960 American Chemical Society- 
National Meeting, Cleveland, Ohio.

(2) U. R. Evans, Trane. Electrochem. Soc., 91, 547 (1947); 83, 335 
(1943).

(3) E. A. Gulbrangen, ibid., 83, 301 (1943); 91, 573 (1947).
(4) N. F. Mott, Trans. Faraday Soc., 36, 472 (1940).
(5) R. L. Farrar, Jr., and H. A. Smith, J. Phys. Chem., 59, 763 

(1955).
(6) F. E. Massoth and W. E. Hensel, Jr., ibid., 63, 697 (1959).
(7) F. E. Massoth and W. E. Hensel, Jr., ibid., 64, 414 (1960).

F  = W t ~  Wo

w-[(®) - o (2)

where W t is the weight of sample at time t, W 0 is the 
initial weight of sample, M 0 is the molecular weight 
of the solid reactant, and M p is the molecular 
weight of the product.

The relationship between F  and x  is dependent 
upon particle geometry. In order to derive the 
relationship, the following assumptions are made:
( 1 ) the solid reactant consists of needle or rod-like 
particles; (2 ) the length of a particle is much greater 
than its radius; (3) the product film is uniform in 
thickness.

Consider a partially reacted cylindrical particle 
consisting of an inner core of unreacted material 
and an outer shell of reaction product. The volume 
of reactant, va, left at any time is related to the 
fraction converted and the initial particle volume, 
y0, for an average particle by

»a =  (1 — F)v o (3)

Since the volume of a cylinder is proportional to 
the square of its radius times its length, and since 
the length is essentially constant during the reac­
tion, the above expression becomes

r„ =  (1 -  F)'/no (4)

where ru and r0 are the radii of unreacted and initial 
particles, respectively.

The particle volume u at any time t is equal to 
the sum of the unreacted volume and the reacted 
volume vr. However, vT =  (y0 — vu)/3 where d is 
the ratio of the molar volumes of product to react­
ant. Hence

V =  !>U +  Vo/S — Vu& (5)

Substitution of equation 3 into equation 5 yields 
v =  t>o[l — F  +  ¡¡F]

or in terms of radius, r, of the particle at time t
r =  r0[l -  F +  0F]'/> (6)

The thickness of product layer, x , is
x =  r -  ru (7)

Substituting equations 4 and 6  into equation 7 and 
defining c =  — ( 1  — /3), one obtains

*o =  (1 +  cFf/t -  (1 -  F f h  (8)

Substitution for x  into the integrated parabolic 
expression, equation 1 , yields
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Fig. 1.— Temperature variation at constant pressure.

kt =  7*[(1 +  cF)'/> -  (1 -  2 = f ( N -  B) (9)

where k is the parabolic rate constant =  a/r02. 
Now, if the assumption is made that the external 
particle dimension remains constant throughout the 
reaction (c = 0 ), then a much simpler expression 
results

kt =  ‘ A ll -  (1 -  F)'/--]2 =  f {N  -  B) (10)

Hence, the function of f ( N  — B )  can be calculated 
from the F  values obtained experimentally. A 
plot of f ( N  — B )  vs. t should give a straight line if 
the rate of reaction follows the parabolic law.

Variation of the rate constant with temperature 
is usually treated by the Arrhenius equation. In 
most cases when a diffusion mechanism prevails, 
the activation energy is that for the diffusion proc­
ess. On the other hand, the effect of pressure 
upon the rate of reaction for gas-solid reactions, is 
generally not predictable from theoretical considera­
tions. The rate constant can sometimes be related 
to the pressure P  at constant temperature by a 
power term in P , viz.

k =  KP '» (11)

where K  is the diffusion rate constant and n  is a 
constant. If the product exhibits an appreciable 
dissociation pressure, a plot of k vs. P n will not go 
through the origin, and equation 1 1  would have to 
be corrected to include a dissociation pressure term.

Experimental
Highest purity 1,1-diphenylurea was obtained from the 

Fisher Scientific Company as small crystalline plates. This 
material was recrystallized as needles from methanol. The 
crystals were screened three times, retaining the portion 
through 20 mesh and held on 40 mesh as the sample. One 
large batch of material was used for the runs which con-

1 /T X  103.
Fig. 2.—Effect of temperature on rate constant.

stitute the basic data. Anhydrous hydrogen bromide, mini­
mum purity 99.8%, was procured from The Matheson 
Company, Inc. and was not further purified. The reaction 
product, 1,1-diphenylurea hydrobromide, had a needle-like 
form and a tan-orange appearance. It decomposed about 
145°, was very slightly hygroscopic and had a density of 1.47 
and refractive index of 1.641.
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Fig. 3.— k vs. P 1-7.

Fig. 4.— Arrhenius plot—pressure independent.
A quartz helix spring, having a maximum load capacity of 

500 mg., was employed for the weight-change measurements. 
Spring displacement was measured with a 12 mm. vernier 
attached to a cathetometer. A small Pyrex bucket held the 
sample. Analytical weights were used for calibration of 
the spring extension versus load, linear displacement being 
assumed over the range measured. No change in spring 
constant was observed upon recalibration after numerous 
runs. The helix spring was supported in a Pyrex reactor 
having an over-all length of 36 cm., and an outside diameter 
of 3 cm. A ground glass joint permitted disassembly of the 
reactor and a side-arm for gas entry was located about two- 
thirds from the bottom. A standard glass vacuum system 
provided for introduction and removal of gas. Pressure

was measured by means of a mercury manometer to ± 1  mm. 
A thermostated water-bath maintained constant reactor 
temperature. Reactor temperatures were measured to 
±0 .25° with a thermometer suspended inside the reactor.

A total of twelve runs were made at five temperatures and 
three pressures. Approximately 75 mg. of 1,1-diphenylurea 
was used for each run. Spring extension was measured at 
various time intervals with the cathetometer. Three read­
ings were taken at each interval and averaged; the deviation 
of the average was ±  0.02 mm., which corresponded to a 
weight deviation of ± 0 .2  mg. A blank run with hydrogen 
bromide resulted in no weight change in the bucket indicating 
negligible reaction of this gas with Pyrex.

Results
The basic data in terms of mole fraction con­

verted, F , were calculated from weight change 
measurements. 8 Using the values of F , values for 
f ( N  — B ) were computed at each time. In Fig. 1, 
linear plots of f ( N  — B )  vs. t for several typical 
runs clearly show the parabolic dependence of the 
reaction. The slope of each line is equal to the 
reaction rate constant k at the given conditions of 
temperature and pressure. All runs showed similar 
straight-line f ( N  — B )  plots, thus establishing a 
parabolic mechanism for the reaction.

Figure 1 also shows that increase in temperature 
at constant pressure resulted in an increase in 
reaction rate. The variation of the reaction rate 
constant with temperature is shown in Fig. 2, 
where log k is plotted against the reciprocal of the 
absolute temperature at three levels of pressure. 
The straight lines obtained show conformance to a 
normal Arrhenius temperature dependency of the 
reaction at each isobar.

The data obtained for the variation of pressure at 
constant temperature showed that pressure had an 
accelerating effect upon the reaction. In order to 
determine the pressure dependency of the reaction, 
log k was plotted vs. log P  (not shown). At each 
isotherm, a straightline was obtained, indicating 
that k is proportional to some power of pressure, 
the power being the slope of the line. The average 
of the three slopes gave a value of 1.7. To deter­
mine whether the reaction product exhibits a 
dissociation pressure in the temperature range 
studied, k was plotted against P 17. As shown in 
Fig. 3, the straight lines pass'through the origin, 
therefore indicating no dissociation pressure and 
also that the following relationship obtains between 
the rate constant and pressure

k =  K P 1-7

In accordance with the pressure relationship given 
above, parabolic rate constants, independent of 
pressure, were calculated. These new rate con­
stants K  now fall on a single line in an Arrhenius 
plot, as illustrated in Fig. 4. The least squares 
slopes of this plot yields an activation energy of
7.3 ±  0.2 kcal./mole, and the intercept a frequency 
factor of (2.4 ±  0.1) X 10- 3  sec. - 1  (mm.)-1-7. 
Thus, the rate constant in the temperature range

(8) A more detailed form of this paper (or extended version, or ma­
terial supplementary to this article) has been deposited as Document 
number 651.8 with the ADI Auxiliary Publications Project, Plioto- 
duplication Service, Library of Congress, Washington 25, D. C. A 
copy may be secured by citing the Document number and by remitting 
SI,25 for photoprints, or SI,25 for 35 mm. microfilm. Advance payment 
is required. Make checks or money orders payable to: Chief, Photo­
duplication Service, Library of Congress.
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Fig. 5.—Variation of particle size at constant temperature and pressure.

— 3 to 50° and for pressures up to 300 mm. is given 
by the expression

k =  2.4 X  lO-ap'-Tg-r.soo/Jirge^-i

where P  is in mm. and T  is in degrees absolute.
Although not shown in the rate expression pre­

sented, particle size is another variable in correlat­
ing reaction rates. A particle size effect in the reac­
tion rate is expected since the rate constant is in­
versely proportional to the square of the initial 
radius of the particles. The effect of particle size 
upon the reaction rate was studied by screening the 
recrystallized needles into four sieve sizes. The 
relative rates of reaction of these four batches are 
shown in Fig. 5. A general increase was noted in 
rate of reaction as the particle size decreased. It 
was not possible to develop a quantitative correla­
tion between the rate constant and the average 
particle size because screening was found to be only 
partially effective.

Discussion
Reaction of a solid and a gas, where only a solid 

product is formed, proceeds at the interface be­
tween the two solids. 9 The over-all rate of reac­
tion is generally the rate at which reactants can 
reach the interface. Where parabolic kinetics are 
found, the rate of build-up of film is proportional 
to the inverse of the film thickness, and it is usually 
assumed that the reaction is controlled by volume 
diffusion of gaseous reactant through the product 
film. In this case, the film is considered protective. 
The formation of a protective film can be attributed 
to the fact that the product molecules which are

(9) S. J. Gregg, “Surface Chemistry of Solids,” Reinhold Publ. 
Corp., Inc., New York, N. Y., 1951.

formed on the surface have a diameter slightly 
greater than that of the original reactant molecules. 
If the product molecules are smaller or much larger 
than the original molecules, cracking of the film 
results and the film is not protective . 4 In the 
latter case, the parabolic law will not be followed.

In using the parabolic expression, f ( N  — B ) ,  
the assumption is made that the external dimensions 
of the particle remain constant throughout the 
reaction. It is recognized that expansion is not 
always negligible. In our case the molar volume 
expansion is 1.25. For this expansion factor, f ( N  — 
B )  can be shown to be proportional to f ' ( N  — B ) ,  
within experimental error for values of F  up to 
0.85; hence, the effect of expansion is negligible 
over most of the reaction range studied. The elim­
ination of the expansion term greatly simplifies 
the kinetic laws, and as such, the shorter forms are 
most generally used in correlating rate data.

Deviations from the parabolic law were en­
countered in some instances in the early stages of 
the reaction, particularly at high temperatures 
and high pressures. A faster rate occurred than 
would be predicted by this law. This is attributed 
to a localized, heat effect caused by the rapid initial 
exothermic reaction on the surface of the unreacted 
particles. The heat, mot being dissipated fast 
enough due to the low thermal conductivity of the 
material, raises the surface temperature of the 
mixture and results in a more rapid reaction rate. 
After the initial product layer is formed, this 
situation does not obtain; the temperature falls to 
ambient temperature and the rate approaches that 
predicted by the parabolic law. This heat effect 
was proved in a separate experiment in which 
ground glass was added to the diphenylurea, so
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that the surface heat might be better dissipated. 
The initial deviation in this case was markedly less, 
resulting in a better parabolic fit. It should be 
pointed out that the slopes of the linear portions in 
the f ( N  — B ) plots with and without heat effects 
are the same; therefore, the rate constant k can 
still be obtained even though an initial deviation 
occurs.

In most cases, the reaction followed the parabolic 
law until approximately 75% of the reactant was 
converted to product, after which the reaction prac­
tically stopped. Additional slow reaction was 
noted on letting the partially reacted material stand 
for prolonged periods in the presence of hydrogen 
bromide gas. In one run, material was removed 
from the reactor, ground and re-reacted several 
times, whereupon complete conversion was finally 
attained. Thus, the reaction proceeds to com­
pletion according to stoichiometry. However, the 
latter phase is extremely slow under reaction con­
ditions and is probably governed by a different 
mechanism. It is interesting to speculate that there 
may be a critical thickness of film product, beyond 
which the parabolic growth is no longer obeyed. 
Qualitatively, it was found that smaller particles 
gave larger conversions before cut-out and vice 
versa, in line with such a supposition. A shift of 
mechanism at a definite thickness of product has 
been noted for the reaction of sodium fluoride with 
uranium hexafluoride. 6

Many earlier workers had not studied the effect 
of pressure upon reaction rates. If the product 
formed is volatile or it is a semi-conductor, pressure 
would have a negative or slight positive effect, re­
spectively, upon the reaction rate. 1 0  Neither case 
applies to our reaction. The reaction of diphenyl- 
urea with hydrogen bromide is markedly dependent 
upon pressure. Since diffusion is the rate-deter­
mining process, the rate of reaction is proportional 
to the migration of gas molecules across the bound­
ary layer; this diffusion will be dependent upon 
the concentration gradient from the gas-product 
interface to the reactant-product interface. As 
pressure increases, the concentration gradient in­
creases, since the surface concentration is higher 
while the reaction interface concentration remains 
constant. Thus, since the transport of gas across 
the product film is rate determining, we have a 
parabolic process whose magnitude is pressure de­
pendent. 1 1

The above picture should be clearly distinguished 
from the case where the rate of reaction is controlled 
by the rate of adsorption, under which condition 
we would not be dealing with a parabolic mecha­
nism. If adsorption were rate controlling, the rate 
of reaction would be expected to be proportional to 
the external surface area of the particle. Since 
there is a swelling of the particle upon reaction, an 
appropriate increase in surface area would be ex­
pected. Hence, the rate of adsorption should in­
crease proportionally during reaction. However, 
the rate of reaction, experimentally observed, con­
stantly decreased during reaction.

A further argument against adsorption being
(10) J. T. Law, J. Phys. Chem., 61, 1200 (1957).
(11) D. Perchanski, Ann. Chim., [12] 2, 601 (1947).

rate determining is as follows: The rate of simple 
adsorption is proportional to the product of the 
pressure and the uncovered surface minus the rate 
of evaporation times the surface coverage. In our 
case, surface coverage is expected to be very low 
since the pressures employed were small compared 
to saturation pressure (50-300 mm. vs. 2 5  atm.). 
Therefore, the rate of adsorption should be pro­
portional to P 1, and since it was found experimen­
tally that the reaction rate was proportional to 
P 1-7, adsorption is not rate controlling.

For the sake of completeness, it should be pointed 
out that neither diffusion in the gas phase nor chem­
ical reaction at the reactant-product interface 
can be rate determining. Reaction control by the 
former would require the rate of conversion to be 
constant with time, while control by the latter 
would require the rate to follow a linear law, i .e ., 
reaction decreases directly with decrease of surface 
area of reactant.

The reaction of diphenylurea with hydrogen 
bromide follows a normal Arrhenius dependency. 
Since the rate of reaction is diffusion controlled, the 
activation energy is that for the diffusion process. 
The experimental rate constant is a function of the 
concentration gradient across the bomidary layer 
as well as the temperature, whereas the true dif­
fusion rate constant is dependent on temperature 
alone. Since the concentration gradient is a func­
tion of the system pressure, an Arrhenius relation­
ship at each isobar is obtained (Fig. 2). The acti­
vation energy at each pressure is the same and 
therefore the effect of pressure shows up only in the 
pre-exponential factor. When pressure is taken into 
account, the resulting diffusion rate constants yield 
a single straight line Arrhenius plot (Fig. 4). That 
the rate process is determined by the same factor 
throughout the temperature range investigated is 
confirmed by the consistency of the activation 
energy over this range.

Several runs were made at higher temperatures. 
Good parabolic fits were not obtained. At 80°, the 
data seemed to fit best a logarithmic law. 2 ’ 6 It 
might be that a shift in mechanism with tempera­
ture occurred; such a phenomenon is not uncom­
mon in gas-solid reactions. 1 2 ’ 1 3  Another explana­
tion for the apparent divergence from parabolic 
kinetics could be weight loss via  volatilization at 
this temperature.

The parabolic rate constant should be propor­
tional to the inverse of the square of the particle 
radius. It was not possible to test this relationship 
due to inability to reproduce particle sizes from 
one recrystallized batch of material to another. 
However, as was shown in a qualitative way, the 
rate of reaction increased with decreasing particle 
size. The major factors which affect reproduci­
bility between batches of material are recrystalliza­
tion and sieving. In recrystallizing diphenylurea 
from methanol, the size of the crystals formed de­
pended on concentration, recrystallization time and 
agitation, among other things. It was difficult to 
reproduce these conditions from one batch to 
another. It was hoped that screening the material

(12) J. Waber, et al., J. Electrochem. Soe., 99, 121 (1952),
(13) D. J. Cubicciotti, J. Am. Chem. Soc., 74, 1200 (1952).
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would produce particles of uniform size so that 
particle radius could be determined. Photomicro­
graphs of screened material showed sieving to be 
ineffective. The material collected from any sieve 
contained particles of the expected size plus many 
small particles and some larger ones. The small 
particles were held to other needles, probably by 
an electrostatic force. The large particles must 
have passed through the sieve pores in a vertical

manner. Although sieving was ineffective, the 
relative number of particles of a given dimension 
varied from one sieve to another. Thus, the effect 
of particle size on reaction rate could only be deter­
mined in a qualitative manner.
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The wave functions for the lstrg, 2s<rg and 3d.<rg states of H2+ have been expanded in terms of two complete sets of spherical 
functions, one centered on each atom. No serious difficulty was caused by overcompleteness, and excellent representations 
of the energies and wave functions were obtained.

Before it is possible to perform accurate calcu­
lations on small molecules, it will be necessary to 
find quick and efficient methods for the representa­
tion of electron-nucleus and electron-electron dis­
tribution functions. Such progress can only be 
expected if the basic functions used for the repre­
sentation are members of a suitable complete set. 
Several complete sets of spherical functions are 
known which might be suitable for the representa­
tion of electron-nucleus distribution functions, 
but the simple substitution of one of these sets 
for, say, the hydrogen-like set in the normal 
l.c.a.o. treatment of H2+ can be expected to lead to 
difficulties due to overcompleteness. In principle, 
the wave function for H2+ can be expanded using 
only one complete set: if two complete sets are 
used, one of them is superfluous and the system of 
secular equations becomes insoluble. 1  However, 
the expansion of the wave function of H2+ in terms 
of only one set is very disappointing, 2 largely be­
cause it is difficult to reproduce the singularities 
at the two nuclei in terms of sums of smooth 
functions. On the other hand, using only the first 
two members of a complete set centered on each 
nucleus, a far better representation of H2+ is ob­
tained3 than the equivalent treatment using the 
first ten hydrogen atom functions. 4 It will be 
shown in this paper that by generalizing this treat­
ment, an almost exact description of the H2+ 
system can be obtained before overcompleteness 
becomes a serious handicap.

The L.C.M.O. Method Using Epstein Func­
tions.—The general method of calculation is 
essentially that used by us before4 in which a tenth 
order secular determinant was constructed by a 
program written for the Manchester University 
Mark I Computer. The substitution of the 
functions

(1) P.-O. Lowdin, Advances in Phys., 5, 1 (1956) ; Advances in Chem. 
Phys., 2, 207 (1959); Ann. Rev. Phys. Chem., 11, 107 (1960).

(2) K. M. Howell and H. Shull, J. Chem. Phys., 30, 627 (1959).
(3) B. F. Gray, Ph.D. Thesis, Manchester, 1957.
(4) B. F. Gray, H. O. Pritchard and F. H. Sumner, J. Chem. Soc.t 

2631 (1956).

0 i  =  X»i(x)Yi(9)
_  r  (n  -  l -  1)! / 2 Z y  2 1 + 1  1 “IV«

1.2» Kn  +  Z)! J3 ' Uo /  2 '2^-J

( ? ) '
[n =  1,2,3,4; l =  0 . . . .  (n — 1); (m =  0)]

for the hydrogen-like set was actually a consider­
able simplification of the original program. There 
is, however, one slight complication in that, 
while any member of the set is orthogonal to most 
of the other members, it is not orthogonal to 
adjacent functions having the same value of l; 
the relevant relations were given by Hylleraas5 

as follows (with x  =  2 Z r /a z )

J*Q xm2 (x) x2 dx =  1 (a)

J*Q x»i(x) x<nti)i(x) x! da: =  0 for I  =  2 ,3 ,4 .............

( b )

X «l(x) X(n+!)¡(X) X2 dx =

s : xni{x)
As before, we

i[(-LX‘+du)r <•>
X»I2 (x) x dx =  l/2 n  (d)

X(»t,)i(x) x dx =  0 for all /  ^  0 (e) 

define ten molecular orbitals as
$,• = (2 +  2 ( 0 , “ +  Pi0i6), i =  0, 1 . . . .  9

where p * is the parity ( ± 1 ) of the wave function 
<0 , and ka is the overlap integral between <f>,° centered 
on atom A and pidnb centered on atom B. We 
then write the total wave function for the system as

9 9
\F =  2 2  C*4J* =  e< (2 +  2|< i)_1/ i  (0 i°  +  p i< t>ib)

,= 0  i=0
Minimizing the energy with respect to the co­
efficients c, leads to the tenth order secular de­
terminant |Hij ~  S i jE | =  0. The matrix ele-

(5) E. A. Hylleraas, Z. PhysiJc, 48, 469 (1928).
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merits H y  and S i, may then be obtained, remember­
ing that the <bi are not eigenfunctions of a hydrogen­
like Hamiltonian, but satisfy the eauation

1 71/Zĝ3C'4>i = where 3C' =  - 5 T! ----------2 r

Thus
Stt =  2(2 +  2 f « ) - /*  (2 +  2£jj)-V . (itj +  Wj)

and
II i i  = 2(2 +  2fi.-)-V. (2 +  2f,-,■)-’/• [(£,-,■ +  «i,) ( « /  +

eVF) -  eVo + K<#) +  ( Z m  -  l)e2 ( L a  + if,;)]
where e is the electronic charge, R  is the inter- 
nuclear separation, e / is the eigenvalue of fa for 
the Hamiltonian 3C', =  p , f  4>ia <f>jh dr
0>ij = S  4>ia<t>i'i dr, Jij = y  <t>ia<t>1a rj-1 dr,

Kii =  Pi y  r « "1 dr and L,,- =  f  r„_1 dr

From the relations d and e given above = 
Z /n j  atomic units if i  =  j  and zero otherwise; 
similarly, w,3- may be written down from relations 
a, b and c. A further simplification is possible 
because e / =  Z 2rij2tj where ey is the eigenvalue of 
<t>j with Zrij =  1, and since e,- is (m; ) ~ 2 times the 
ionization potential of hydrogen, e / =  — Z 2 / 2  

atomic units. This makes the relation between 
Aiy and Ay,- very simple, i . e .

Solution of the Secular Equations.—The calcula­
tions were performed initially for Z  =  1.0 and Z  =  
1.25, at an internuclear separation of R  =  2a0, 
but because of the approach to overcompleteness, 
we were unable to solve either of the resulting secu­
lar determinants with the programs which then 
existed for dealing with this problem . 6 Further­
more, as it was only a matter of weeks before the 
Mark I computer was to be dismantled, we de­
cided to construct secular determinants for as 
large a range of Z  as possible, and evaluate them 
later on the Mercury machine with which it was 
replaced. Unfortunately, we thought that the 
energy maximum of the Is hydrogen-like function 
at Z  =  1.228 would probably dominate throughout 
the calculation, with the result that we covered 
the range Z  =  1.0 to Z  — 1.4; however, although 
excellent representations of lstrg, 2 sag and 3 do-g 
states were obtained, our chosen range of Z  did 
not span the best value for any of these three states.

The first solutions Avere obtained by substituting 
trial values of E  in the secular determinant, until 
a Amlue was found for which the determinant 
vanished; the determinants were well-behaved 
functions of E  and there was no difficulty. The 
coefficients c L were then found by solving sets of 
simultaneous equations; this will be called method 
1 .

Subsequently, a more accurate version of our 
original Mark I matrix program became available. 
(The set of equations |H — S E | =  0 was trans­
formed to a new set |iS_ 1  H  — IE \  =  0 by inverting 
the matrix S; S-1H, being unsymmetrical, was 
solved by the Lanczos procedure—method 2 a). 
The eigenvalues for the bound states obtained using

(6) H. 0 . Pritchard and F. H. Sumner, Proc. Roy. Soc. (London)
A235, 136 (1956).

this program were identical with those from method 
1 , but the corresponding eigenvectors looked sig­
nificantly different. NeArertheless, both sets of 
vectors were found to be equally acceptable solu­
tions for the problem, and both corresponded to 
wave functions of equal numerical magnitude. 
There are two reasons why this might happen. 
One is that the system is so nearly overcomplete 
that a whole range of wave functions is more or 
less equally acceptable and the one found is that 
most favored by the particular combination of 
rounding errors. The other is that our original 
basic set of functions is not an orthogonal set, and 
again depending on the accumulation of rounding 
errors, the wave function can be equally well 
represented to within the accuracy of the calcu­
lation by several different combinations of these 
non-orthogonal functions; in a sense, this also is 
overcompleteness. This point will be discussed 
further beloAV.

Overcompleteness causes the determinant of 
the overlap matrix to vanish. 7 In the present 
calculations the magnitude of these determinants 
is about 1 0  ~6; we have therefore written a new 
program (method 2 b) which is not only faster, 
but minimizes the difficulties caused by the over­
lap matrices being nearly singular. A real sym­
metric matrix S can be resolved into the product 
of two triangular matrices, 8 i .e ., S =  LU where 
L is the transpose of U; the determinants of L 
and U are now of the order 1CU3. Using this fact, 
the set of equations (H  — S E ) c t =  0 can be trans­
formed into (L ~x H U ~ l — I E i )  Xi =  0 where x, = 
Uc,: (the a  of course being normalized such that 
CiSci =  1 ); the new matrix is symmetric and can 
be solved by the \mry much faster Givens method. 
Unfortunately, in the formation of the matrix 
product L ^ H iU 1 there is severe cancellation which 
necessitates the use of double-length arithmetic, 
not only in the formation of this product, but also 
in the formation of L and L~x. This limitation 
was unexpected, but even so method 2 b is still 
considerably faster than method 2 a, e.g ., for these 
tenth order sets, the computing times are 1.5 and 
8  minutes, respectively. The new method is 
also more accurate, for although both methods pro­
duced identical values for the negative roots 
(these are accurate solutions of \H — S E | =  0 to 
8  significant figures), it gives better values for the 
largest positive roots.

Numerical Results
Table I compares the energies of the ls<7 g state 

of H2+ given by various approximations (also listed 
are the exact solution, two sets of data for hydro­
gen-like functions, and results obtained using ortho- 
gonalized orbitals). It can be seen that as soon as 
the function n  =  2 , l =  0  is included, the energy 
becomes almost independent of Z , but there is a 
general tendency for the energy to improve as 
Z  increases. The tenth order approximation for

(7) H. Margenau and G. M. Murphy, “ Mathematics of Physics and 
Chemistry,” D. Van Nostrand, New York, N. Y., 1943, p. 130.

(8) (a) R. A. Brooker, Brit. J . Appl. Phys., 4, 321 (1953); V. N.
Faddeeva, “Computational Methods of Linear Algebra,” Dover, New 
York, N. Y., 1959, p. 81. (b) Provided that the elements on the main
diagonal are large compared to the other elements, as is always so in 
these calculations, the triangular matrices will always be real.
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T able  I
( —)T otal E lectronic E nergy of the  lscrg State  of H2+ in  R ydberg  U nits a t  R =  2aa

Last function added

z
n = 1, 
l = 0

n — 2, 
l = 0 «-3 Il 

II coo 
Il II 
3 — n = 3, 

l = 1
n = 3, 
l = 2

"¿OIl II n = 4. 
1 = 1

Il 11 71 — 4, 
l = 3

Hydrogen-like set
1.0 2.107543 2.127838 2.127951 2.132933 2.133715 2.135466 2.136267 2.137636 2.140021 2.140098
1.25 2.172865 2.174286 2.182012 2.182826 2.183068 2.192879 2.193007 2.193952 1.197533 2.197661

Complete set
1.0 2.107543 2.178321 2.196446 2.196875 2.202938 2.203073 2.203549 2.204534 2.204699 2.204700
1.05 2.132135 2.177150 2.197983 2.197999 2.203221 2.203397 2.204029 2.204710 2.204857 2.204857
1.10 2.150932 2.175539 2.198626 2.199177 2.203499 2.203723 2.204389 2.204819 2.204977 2.204978
1.15 2.163978 2.174109 2.198902 2.200326 2.203763 2.204042 2.204638 2.204896 2.205064 2.205065
1.20 2.171290 2.173223 2.199157 2.201376 2.203994 2.204334 2.204817 2.204951 2.205122 2.205123
1.25 2.172865 2.173029 2.199579 2.202279 2.204176 2.204582 2.204928 2.204989 2.205160 2.205162
1.30 2.168677 2.173510 2.200229 2.203009 2.204301 2.204775 2.204996 2.205018 2.205184 2 .205g87
1.35 2.158688 2.174540 2.201080 2.203564 2.204373 2.204913 2.205038 2.205042 2.205200 2.205203
1.40 2.142849 2.175932 2.202044 2.203955 2.204401 2.205005 2.205065 2.205065 2.205210 2.205214

Orthogonalized orbitals
1 term 2 terms 3 terms 4 terms 5 terms 6 terms 7 terms 8 terms 9 terms 10 terms

1.40 1.199633 1.253628 1.972751 1.984449 2.086714 2.088267 2.095059 2.181467 2.205164 2.205214

Exact soin. 2.20525

Z  =  1.4 is within 0.00004/ h of the correct solution, 
and it seems likely that with a higher value of Z ,  
this discrepancy might easily be halved. It is 
noted in passing that the best energy for a l s ( Z )  
function is about 2.173/ h, not 2.166/ h as given by 
Finkelstein and Horowitz9; their derivation of the 
optimal value of Z  is correct, but they did not 
carry sufficient terms in their energy expansion.

As soon as two or three functions (depending 
on the value of Z )  are included, approximations to 
the 2 so-g state begin to appear, and after a further 
two functions are added, the 3do-g state appears; the 
tenth order solutions for the energies of these two 
states are given in Table II. In both these sets of

T a ble  II
( —) T otal E lectronic E nergy of the  2scrg and  3d<rg 

States of H2+ in  R ydberg  U nits a t  R =  2a0
Z 2so-g 3do-g

Hydrogen-like set
1.0 0.65734 0.45198
1.25 0.71034 0.45781

Complete set
1.40 0.69935 0.40390
1.35 .70591 .41602
1.30 .71103 .42683
1.25 .71494 .43634
1.20 .71770 .44458
1.15 .71955 .45160
1.10 .72067 .45749
1.05 .72125 .46208
1.0 .72151 .46566

Exact solution
0.72173 0.47155

results, the trend with Z  is opposite to that for the 
ground state; the energy of the higher of the two 
states is varying more rapidly and clearly the best 
value of Z  for this state is considerably less than 1.

(9) B. N. Finkelstein and G. E. Horowitz, Z. Physik, 48, 118
(1928).

Atomic units. Atomic units

Fig. 1.— Comparison of the exact wave function for the 
lso-g state of H2+ (taken from Bates, Ledsham and Stewart10) 
with the Z  =  1.0 and Z  =  1.4 complete-set approximations. 
(The exact wave function is reproduced by land permission 
of the Royal Society.)
It would appear, therefore, that for an intermediate 
number of functions, the proper value of Z  to use 
in these calculations is near 77/ft where j? is the ef­
fective charge of the united atom and n  is the quan­
tum number of the corresponding united atom 
state: thus we should use Z  ~  2 for ls<rg, Z  ~  1 
for 2so-g and Z  «  2/3 for 3d<rg.

Two alternative forms of truncation of the set 
were investigated to see if simpler calculations are 
likely to be of any value. In one case, only the l 
=  0  functions were taken: the results for n  =  1  

and «  =  1 , 2  are given in the first two columns of 
Table I; for n  =  1,2,3 and n  — 1 ,2 ,3,4, the energy 
values were 2.180 ±  0 .0 0 1 /h and 2.1812 ±  0 .0 0 0 2 - 
I h, respectively, virtually independent of Z . 
In the other case, only the functions without radial 
nodes were considered, i .e ., I =  (n  — 1 ); here, 
the maximum near Z  =  1.25 was maintained, and 
for n  — 1 ,2 ,3,4, the energy value was 2.2040/ h, 
which is about as good as the best 4-function repre­
sentation in Table I. This form of truncation is 
equivalent to the use of Slater orbitals, but omitting 
the quantum number from the exponent, and as it 
would involve a great deal less labor, the conver­
gence properties would merit further investigation, 
especially for approximate treatments.
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T able  III
C omplete- set E xpan sio ns  for H2+ W a v e  F unctions

n ** 1, n =  2, n =  2, n = 3 n =  3, n =* 3, n =* 4, n =  4, n =  4, 71 «  4,
l = 0 l = 0 l = 1 l -  0 l rx 1 1 = 2 l =  0 l = 1 l =  2 l = 3

lso-g state, Z  =  1.4
(1 +  iii) 1.389995 1.639177 1.100740 1.609275 0.703473 1.063676 1.604595 0.660456 1.358266 1.016951
a  (method 2b) 0.841401 — 0.120382 0.128523 -0.014904 -0.009119 0.034439 -0.002295 -0.003538 0.005239 0.008172

2s<rg state, Z =  1.0
(1 +  iii) 1.586453 1.730811 0.774411 1.737685 0.547593 1.321797 1.729234 0.474727 1.492124 0.705623
d  (method 2b) 0.131117 0.693794 0.229268 -0.404426 0.012573 0.073721 0.066110 -0.008898 0.016481 0.011170

3dcrs state, Z =  1.0
d  (method 2b) 0.644444 -0.167654 - ■ 1.086649 -0.179637 0.651507 0.120453 0.120182 -0.196341 -0.070844 0.005729

Atomic units are given in Table III ; they were also plotted

Fig. 2.— Comparison of the exact wave function for the 
2scrg state of H2+ (taken from Bates, Ledsham and Stewart10) 
with the Z — 1.0 complete-set approximation. (The
exact wave function is reproduced by kind permission of 
the Royal Society.)

Atomic units

0.00 T 0.08 0.06 0.04 0.02
Fig. 3.— Z — 1.0 complete-set approximation to the wave 

function of the 3d<rg state of H2+.

The wave functions obtained for the ls<rg (Z =  
1.4), 2so-g (Z =  1 ) and 3duK (Z =  1) approximations

out in the form of contour diagrams using the 
Manchester University Graphical Output, and 
are shown in Figs. 1, 2 and 3, respectively. Dia­
grams of the exact wave functions for the Is<rg 
and 2s<rg states have been given already by Bates, 
Ledsham and Stewart1 0  and as our approximate 
wave functions are very similar, we have super­
imposed our own contour maps on photographs 
of their exact functions. In Fig. 1, both the ap­
proximations for Z =  1 and Z =  1.4 are compared 
with the exact function. It can be seen that whilst 
the Z  =  1.4 function agrees reasonably with the 
exact function over the whole region of space, the 
Z  =  1 function differs significantly near the center 
of the bond, despite the fact that it corresponds to 
an energy which is only 0.00055/ h in error. It 
appears that if an unsuitable value of Z  is chosen, 
then the truncated function cannot be made to 
fit satisfactorily over the whole of space, and as 
the more remote regions are more heavily weighted 
in the calculation, the function is forced to fit 
best at large distances. If, however, Z  is chosen 
to be near ri/n , the function automatically behaves 
correctly at large distances, and therefore stands 
a much better chance of spanning the central 
regions satisfactorily.

The Problem of Overcompleteness.—The ques­
tion as to whether or not the ill-conditioning of our 
system of equations is due to overcompleteness 
was decided in the following way. The eigen­
values \k and eigenvectors x* of the overlap matrix 
S were first obtained. A  matrix K was then con­
structed such that each row consisted of an eigen­
vector x* of S, the rows being written from top 
to bottom in descending order of the eigenvalues 
A*. The secular determinant was then trans­
formed from (H -  S E ) to (KHK -  KSKA) s= 
(KHK — AE )  and the eigenvalues of this set o f 
equations were determined for all orders from one 
to ten. The ground-state eigenvalues are listed 
in Table I under the heading of orthogonalized 
orbitals; at least five orbitals are needed before 
the system is bonding, and eight are required 
before the energy is better than a simple Is function 
of the same value of Z. It is found that the dif­
ference in energy between the use of the nine 
functions (x0 . . . x8) and the ten functions (x0 

. .  .x9) is an order of magnitude greater than the 
difference between the original ninth and tenth 
order approximations: the same is true for the

(10) D. R. Bates, K. Ledsham and A. L. Stewart, Phil. Trans. Roy.
Soe. {London), A146, 215 (1953).
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2s(7g state, and for the 3dc-g state, the discrepancy 
is more than two orders of magnitude. Thus it is 
clear that when only the first ten members of the 
set are used, there is no redundancy, even though 
each member of the set is used twice.

We conclude that using the simple l.c.m.o. 
procedure, as we have done, overcompleteness is 
likely to become troublesome if many more than 
ten functions are used. However, by that time, 
with a suitable choice of Z  for each individual 
state, it is possible to reproduce both the energy 
and the wave function to a degree of accuracy which 
will be sufficient for most purposes, and the wave 
functions obtained in this way will certainly be 
easier to manipulate than the exact functions. 
Should greater accuracy be required, we can see 
no obvious reason why a few more members of 
the set should not be included and any resulting 
redundancy removed by an orthogonalization 
procedure such as that just described; it may 
however be necessary to compute the basic in­
tegrals to an accuracy of better than the 1 part 
in 10s which we have used.

We wish to acknowledge our indebtedness to 
Dr. B. F. Gray for his collaboration in the early 
stages of this work and to Mr. W. B. Brown and

Mr. D. J. Evans for many discussions; also to 
Professor D. R. Bates, F. R. S. for permission 
to use his published contour maps in the construc­
tion of Fig. 1 and 2.

Appendix
The matrix elements for the hydrogen-like set, 

arbitrary Z , are given below. The functions are 
eigenfunctions of the operator

with e," =  Z2a where e,- corresponds to Z =  
Thus

Sii = 2(2 +  2£;()-‘/i (2 +  2£,•;)-'/* +  Sij)

and
H a =  2(2 +  2 £ « ) - / ’  (2 +  2?,•,•)->/. [(£,-,• +  f c /X « ,"  +

e2/R) -  eKJn +  K n) +  (Z  -  1 )e\La  +  Ka)]

where 5y =  1 if i =  j, or =  0 if i ^  j, and the 
other symbols have their previous meaning; 
the relation between Ka  and Kji is

Z e ‘; K : i  =  Z e 'K i j  -j- (£,-,■  -)- 5i,-)(e," — «,•")

Lij now occurs between all pairs of 4h and <f>j 
having the same ¿-quantum number.

THE DEHYDRATION OF SODIUM TRIPHOSPHATE HEXAHYDRATE
B y  W a r r e n  0 .  G r o v e s  a n d  Ja m e s  W . E d w a r d s  

Monsanto Chemical Company, Research and Engineering Division, Dayton, Ohio
Received October 8, 1960

The mechanism of the dehydration of sodium triphosphate hexahydrate has been investigated. Two routes for the de­
hydration have been found, the second, in the presence of water vapor, leads to direct formation of anhydrous sodium tri­
phosphate, a reaction commercially important in the spray-drying of synthetic detergents. The most significant result is 
the influence of water vapor on the course of reaction. In the range of 100 to 150°, by controlling the pressure of water 
vapor, the reaction can be changed from a complete degradation to ortho- and pyrophosphates to an essentially pure de­
hydration to anhydrous sodium triphosphate, form II. Under certain conditions a new crystalline orthophosphate, a second 
modification of the double salt, NaHiPOcNajIirO.,, appears. Other variables affecting the course of the reaction are par­
ticle size, sample purity, amount of grinding and previous history of the sample. It is concluded that two competing types 
of dehydration, a direct dehydration and a hydrolytic degradation, follow two fundamentally different mechanisms. The 
predominance of one or the other is controlled principally by the pressure of water vapor over the system.

Introduction
The dehydration of sodium triphosphate hexa­

hydrate has been studied by a number of investi­
gators1-8 both because of its importance com­
mercially and because of interest in the unusual 
behavior of this hydrate. Although the triphos­
phate ion is normally only metastable in the 
presence of water,6 undergoing more or less rapid 
reversion to ortho- and pyrophosphates, the hexa­
hydrate of sodium triphosphate is remarkably 
stable. It may be stored for years under ordinary 
conditions without undergoing appreciable de-

(1) P. Bonnemàn-Bemia, Ann. Chitn., 16, 395 (1941).
(2) J. R . Mills, Thesis, University of Illinois, 1952.
(3) B. Raistrick, Roy. Coll. S c i IS, 9 (1949).
(4) E. Thilo and H. Seeman, Z. anorg. allgem. Chem., 267, 65 

(1951).
(5) O. T. Quimby, Chem. Revs., 40, 143 (1947).
(6) O. T. Quimby, J. Phys. Chem., 58, 603 (1954).
(7) A. E. Zettlemoyer, C. H. Schneider, H. V. Anderson and R. J. 

Fuchs, ibid., 61, 991 (1957).
(8) C. Y. Shen, J. S. Metcalf and E, V. O’Grady, Jnd. Eng. Chem., 51, 

717 (1959).

composition. Only when an attempt is made to 
separate the water from the crystalline hydrate 
does degradation of the triphosphate ion by water 
occur.

Previous workers have shown that hydrolytic 
degradation occurs on either thermal or vacuum 
decomposition of the hydrate at temperatures be­
low about 150°. Below about 80°, water can only 
be removed under vacuum and with difficulty. 
The mechanism of this low temperature vacuum 
dehydration involves initially an amorphous phase 
containing triphosphate ions.8 These triphosphate 
ions subsequently degrade with the crystallization 
of tetrasodium pyrophosphate, the only crystalline 
product detectable by X-ray diffraction. The 
products obtained on thermal dehydration between 
80 and 120° are similar to those from vacuum de­
hydration,7 suggesting a similar mechanism; how­
ever, an alternative mechanism involving primary 
cleavage of a triphosphate ion by the water with 
which it is associated in the hexahydrate lattice
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Time, hours.
Fig. 1.—Rate of water loss of Na.JhOio-ôHîO at: (a) 110°; 

(b) 120°; (c) 150°.

might also explain the results. Above about 120° 
the increasing amounts of crystalline anhydrous 
sodium triphosphate found in the dehydration 
products raise the question of direct dehydration 
vs. recombination of initial degradation products.

In an attempt to answer some of these unresolved 
questions we undertook to study the effect of 
water vapor pressure on the rates of dehydration. 
This investigation very shortly led to a very sur­
prising and unexpected result. By maintaining 
a certain pressure of water vapor over the dehy­
drating system, nearly pure anhydrous crystalline 
sodium triphosphate could be obtained. This 
paper is a report on the results of this study.

Experimental
Materials.— Sodium triphosphate hexahydrate was pre­

pared from commercial sodium triphosphate by recrystal­
lization several times from the aqueous solution by slow 
addition of ethyl alcohol. Analysis: 19.8% P; pH of 1% 
solution, 10.02; %  of P as triphosphate, 99,1%; as pyro­
phosphate, 0.9% ; ignition loss, 22.71%.

Several experiments were conducted using large crystals, 
and also with samples deliberately contaminated with 
either excess acidic or basic components. Details of these 
experiments are included in the section on Results and Dis­
cussion following.

Analyses.— Semiquantitative X-ray diffraction analyses 
were carried out using the General Electric X R D -3 X-ray 
Spectrogoniometer. Quantitative analyses by paper chro­
matography using the technique of Karl-Kroupa9 were earned 
out in the research laboratories of the Inorganic Chemicals 
Division of Monsanto Chemical Company.

Apparatus.— For the rate studies sample weights were ob­
tained continuously under vacuum, or controlled pressure of 
water vapor, by utilizing a quartz spiral spring. To avoid 
condensation of water yapor within the system all exposed 
tubing was wound with nichrome heating ribbon, and in­
sulated; the Pyrex tube serving as the spring housing was 
contained within a larger heated tube. The sample tube, 
long enough to accommodate the maximum spring extension 
under full load and attached to the spring housing tube with 
a standard taper joint, was immersed in a bath of “ Fischer 
Bath W ax”  whose temperature was controlled automatically 
to ±0 .0 5°. Attached to the sample tube just below the 
bath surface was a mercury “ U-tube”  manometer, the other 
arm of which was attached by rubber tubing to a conven­
tional manometer system. The water vapor reservoir 
consisted of a bulb loosely packed with glass wool on which 
water was condensed, immersed in a small heated water- 
bath whose temperature was controlled manually.

The quartz spring, obtained from the Houston Technical 
Laboratories, was calibrated at a series of temperatures 
from 25 to 175° for loads of 0.7 to 1.0 g. Weights calcu­
lated from the observed extension were accurate to ± 0 .5  
mg. _

The sample, 0.8 g., was contained in a small aluminum 
foil bucket suspended by a fine platinum wire from the 
quartz spring. Two aluminum foil radiation shields threaded 
on the wire minimized radiation to or from the upper parts of 
the apparatus.

In a typical run the sample was weighed into the bucket, 
the bucket suspended in the system, and the system evacu­
ated to 10~5 mm. of Hg. In the meanwhile the water vapor 
reservoir bath was brought to temperature and the wax- 
bath (removed from the system) heated to a temperature 
3 or 4° higher than that of the run. After closing the main 
stopcock to the vacuum system, the stopcock to the water 
vapor reservoir was opened slightly and the bath quickly 
raised around the sample tube. Equilibrium was at­
tained within two to five minutes; weight readings were 
made at convenient intervals, usually of five minutes.

Results and Discussion
The most significant result of this work has been 

the discovery of the influence of water vapor pres­
sure on the course of the dehydration of sodium 
triphosphate hexahydrate. In the range from 100 
to 150°, by controlling the pressure of water vapor, 
the reaction can be changed from a complete deg­
radation to ortho- and pyrophosphate to an es­
sentially pure dehydration to anhydrous sodium 
triphosphate. That at least two distinctly dif­
ferent routes with radically different mechanisms 
are involved in these reactions is established by the 
experimental results here described. The routes 
will be designated as degradative dehydration and 
direct dehydration, respectively.

The rates of water loss of the hexahydrate at 
different temperatures and under various pressures 
of water vapor are shown in Figs. 1 (a)-(c). At 
110° and 108 mm., Fig. la, the degradative de­
hydration yielded principally crystalline tetra- 
sodium pyrophosphate. The runs at 211 and 384 
mm. are examples of direct dehydration, 87 and 
92% triphosphate being obtained. The principal 
differences to be noted are: (1) difference in the

(9) E. Karl-Kroupa, Anal. C h e m 28, 1091 (1956).
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induction period, and (2) difference in the shape of 
the curve. The degradative reaction starts slowly 
after an induction period of about 20 minutes, 
while the direct dehydrations set in abruptly 
after a period of 3 to 7 minutes. The degradative 
dehydrations show a long acceleration period 
following induction and before a gradual decay. 
The direct dehydrations start abruptly and decay 
slowly, actually following very closely fractional 
order rate equations. Orders have been found 
to range between 0.31 and 0.58 and hold from 0 to 
90% completion based on final total water loss. 
The reaction during the run at 535 mm. may be 
classed as a direct dehydration based on the short 
induction period and adherence to the fractional 
order rate law. However, the low final weight 
loss and analysis of product show that extensive 
degradation has taken place. The effect of ex­
cessive water pressure is threefold. It slows the 
dehydration by tending to reverse the reaction; 
it causes hydrolytic degradation of the initially 
formed anhydrous triphosphate; and it induces 
the crystallization of trisodium acid pyrophosphate 
monohydrate.

In Fig. lb  similar data for runs at 120° are pre­
sented. Here the degradative dehydration at 149 
mm. produced a crystalline orthophosphate double 
salt as well as tetrasodium pyrophosphate. The 
slight inflection in the curve is real and probably 
corresponds to initiation of formation of the crystal­
line orthophosphate. Degradation of triphosphate 
and pyrophosphate ions to form the orthophosphate 
ions consumes water which would otherwise be 
evolved. The difference between induction periods 
for the two reactions is less than at 110° but still 
evident. The run at 716 mm. again shows the 
effect of excessive water vapor pressure.

The sharp difference between degradative and 
direct dehydration in this temperature region is 
further emphasized by the very critical dependence 
on water vapor pressure. The effect of decreasing 
water vapor pressure is illustrated in Fig. la. 
After initiating a direct dehydration at 212 mm., 
the pressure was gradually reduced. The water 
loss proceeded at the normal rate for a direct 
dehydration until a pressure of 147 mm. was 
reached. At this point as evidenced by the sharp 
break in the curve, direct dehydration abruptly 
ceased and the independent degradative dehydra­
tion with its long acceleration period took over. 
The effect of increasing water vapor pressure is 
illustrated in Fig. lb. A degradative dehydration 
initiated at 150 mm. increased slightly in rate as 
the pressure was increased until at 194 mm. there 
was an abrupt rise in rate as direct dehydration 
commenced.

At 150°, Fig. lc, the rates of water loss at 94, 
189 and 539 mm. are almost equal but a gradual 
transition from degradative to direct dehydration 
is shown by the increase in total water loss. These 
results indicate that at this high temperature the 
degradative and direct mechanisms can operate 
simultaneously over a range of water vapor pres­
sures, or that some anhydrous triphosphate may 
be formed by the mechanism of the degradative 
dehydrations.

Fig. 2.— Products of NaJVlio'GILO dehydration as func­
tion of temperature and water vapor pressure. •  NasPîOio- 
II, only crystalline component (region A ); 9  Na5P30io-II, 
major component with Na4P207 (region C ); €  NasPaOw-II, 
major component with Na4P2C>7 and Na3HP207-H20  (region 
B) ; O Na4P20 7, only major crystalline component (region 
D) ; © Na4P207, major component with Na2H P04-NaH2P 0 4* 
(region E).

The most convincing proof of the radically 
different nature of the two routes of dehydration 
comes from experiments using large crystals in 
which sites of initiation and growth of reaction 
zone in the two types of reaction were observed 
to differ completely.

The crystals, about 10 X  15 X  2 mm., were pre­
pared by allowing acetone to diffuse slowly into a 
nearly saturated aqueous solution of the hexahy­
drate.8 Two runs were made at 120°, one at 175, 
the other at 230 mm. of water vapor pressure.

At 175 mm., after a long induction period during 
which the surface of the crystal remained clear, 
small opaque spots began to appear, concentrated 
at first at the corners and edges of the crystal. 
Simultaneously with the appearance of the spots, 
weight loss began. The spots, probably cor­
responding to slowly growing dehydration nuclei, 
spread diffusely over the surface of the crystal 
until it was completely covered. At this time, 
two hours after the start of the run, only one mole 
of hydration water had been evolved.

In contrast, at 230 mm., change was first ob­
served after a much shorter time as a white line 
approximately bisecting the crystal. This line 
may have corresponded to a twinning plane of the 
crystal. Later another line appeared roughly 
perpendicular to the first. The dense opaque 
regions spread slowly through the crystal, maintain­
ing sharp boundaries. Disappearance of the last 
trace of clear surface area coincided with cessation 
of weight loss indicating completion of the reaction.

The products of the run at 175 mm., as deter­
mined by semiquantitative X R D  analysis, included 
about 22%  Na4P207 and a large amount of ortho­
phosphate double salt while those of the run at 
higher pressure contained 70-80% triphosphate 
and only 3-7%  Na ÎLO?.

The results on the effect of water vapor pressure 
on the course of the reaction are summarized in 
Fig. 2. Here, the temperature of each run is 
plotted as ordinate, the water vapor pressure as 
abscissa. Lines of constant per cent, saturated
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T a b l e  I
A n a ly sis  o f  P ro d u cts  o f  D e h y d r a t io n  o f  N a 5P 3Oio-6H20

Chromatographic analysis
------------- X ïtD  analysis----------------------------- ----- -—- — % of P as— -------- r*

No. °C. mm. %Na5P30io(II) •Na4p2Û7 Other tri- pyro- ortho

31 100 153 ~ 5 17-27 Na3H3(P 0 4j2*“ major
20 100 273 60-75 8-13 71.0 24.5 4.5
24 110 108 20-30 Na3H3(P 04)2*“ trace,

Na5P3Oio-6H20
29 110 211 65-80 . . . 8 6 .8 12.2 1.0
21 110 384 65-80 92.3 6 .8 0.9
32 110 535 50-65 13-23 Na3HP20 r H 20, 9-19%
27 120 149 17-27 Na3H3(P 0 4)2*“ major 8.9 37.2 53.8
28 120 298 65-80
17 120 716 38-48 15-20 Na3HP20,-H 20 , 10-30% 52.8 33.8 13.4
26 130 102 < 8 26-36 Na3H3(P 0 4)2*“ small amount
25 130 206 68-83 79.3 18.7 2 .0
22 130 374 65-80 , . „ 93.4 5.3 1.2
18 130 734 ~100 92.7 3 .4 4 .0
33 140 135 8-18 29-39 Na3H3(P 0 4)2*“ small amount 14.2 61.3 24.5
30 140 204 65-80 84.3 14.0 1.7

2 150 0 Trace 45-55 24.9 70.1 3.7
14 150 94 12-22 20-30 24.7 69.1 6.2
15 150 189 50-60 7-11 56.8 41.6 1.6
16 150 376 64-78 3-7 77.4 18.8 3.9
23 150 539 65-80 94.4 2.1 3 .5
13 149 740 ~100 95.8 2.0 2.2
a Na3H3(P04)*2—previously unreported modification of double salt, NaH2P 0 4-Na2H P04.

water vapor pressure are included for reference. 
The final products as determined by semiquanti- 
tative X-ray analysis are indicated by code; the 
actual analyses by X-ray diffraction and by paper 
chromatography are listed in Table I. The ap­
proximate boundaries of the regions in which the 
different reactions predominate are sketched in as 
dashed lines. Thus, in region A the reaction is 
direct dehydration, anhydrous sodium triphos­
phate being the only crystalline product. The 
triphosphate ion content by paper chromatography 
ranges from about 80% at the left to 96% at the 
upper right.

In region B the primary reaction is direct de­
hydration though excessive water vapor pressure, 
as noted above, causes secondary reversion of the 
triphosphate. Crystalline products include Na6- 
P3O10-ÏI, Xa.i PTb and A a;; H P2O7- 1 fiO.

In region D, degradative dehydration is the pre­
dominant reaction. The principal crystalline prod­
uct is Na4P20 7.

In region C apparently neither reaction pre­
dominates. Anhydrous sodium triphosphate, Na6- 
P 3 O 10-I I  and Na4P20 7 are both found in the prod­
ucts. Either the two competing reactions occur 
simultaneously or crystalline sodium triphosphate 
is formed via the degradative route, i.e., by crystal­
lization from the initially formed amorphous phase.

In region E a new species has been discovered. 
This phase is the only crystalline orthophosphate to 
be found among the dehydration products of Na6- 
P30 i6-6H20  and is probably a second modification 
of the double salt of di- and monosodium ortho­
phosphate, Na2H P04-NaH2P 04. It has been ob­
served in the products from a variety of samples and 
is well characterized by its X-ray pattern. The 
X-ray pattern is similar to, but distinctly dif­

ferent from, that of Na2H P04. The structures are 
probably closely related.

The identity of this material appearing on de­
hydration at temperatures between 100 and 140°, 
and under pressures of water vapor between 100 
and 175 mm., is established by total weight loss, 
X-ray analysis and paper chromatography. The 
water loss of 4.56 moles during a reaction virtually 
completed in five hours at 120° under 148 mm., is 
close to that required for the reaction 
N a 6PjOio-6H 20  — >-

'A N a J W b  +  N a 2H j(PO<)2 +  4 ‘ / 2H 20

X-Ray analysis of the essentially crystalline prod­
uct, 23-39% Na4P20 7 (theoretical 33.7%) confirms 
that the only other crystalline material must have 
a ratio Na20 /P 20 s close to 1.5. Chromatographic 
analysis, 60.9% of P as ortho-, 37.2% as pyro- 
and 1.9% as triphosphate, confirms the major 
constituent as an orthophosphate and therefore as 
the double salt Na3H3(P04)2.

The results reported above have been obtained 
on one recrystallized and unground sample. 
Variables other than temperature and water vapor 
pressure which modify the course of the dehydra­
tion may be related to surface conditions of the 
hexahydrate crystals and include: particle size, 
sample purity, amount of grinding and previous 
history of the sample. An example of the effect 
of crystal size has been cited in the case of the very 
large single crystals. Several runs using hexa­
hydrate samples deliberately contaminated by 
rapid precipitation form solutions containing either 
orthophosphoric acid or sodium hydroxide show 
that contamination of the hexahydrate favors the 
degradative route to dehydration, higher water 
pressures being required to catalyze the direct 
route. Grinding of the hexahydrate crystals,
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as might be expected, increases the rate of their 
dehydration and also favors the degradative route. 
Neither of these effects, however, can be separated 
from those of particle size. The effect of previous 
history is also closely related to sample purity. 
As may be seen in Fig. lb , and has also been ob­
served in the experiments with contaminated 
samples, if degradation products are introduced 
by preliminary degradation or by direct addition, 
the water vapor pressure required to effect direct 
dehydration is increased. However, if direct de­
hydration is then initiated, the rate of water loss 
is more rapid than from pure samples under similar 
conditions.

Conclusions and Summary
It is concluded that the dehydration of sodium 

triphosphate hexahydrate may follow one of two 
fundamentally different routes. The first, the 
one usually encountered, involves formation of 
an amorphous triphosphate phase and leads to 
degradation of the triphosphate ion. The second, 
requiring the catalytic effect of water vapor leads 
to direct formation of anhydrous crystalline sodium 
triphosphate.

These two routes, aside from the differences 
in final products obtained, differ in: (1) initiation 
site, (2) method of propagation through the crystal,
(3) length of induction time, (4) rate, and (5) 
shape of the rate curve or rate law.

The mechanisms for the two routes to dehydra­
tion may be summarized as follows: For degrada­
tive dehydration the reaction is initiated at the 
surface of the crystal where it is nucleated by some 
residual surface decomposition, impurity or other 
defect. The primary step following loss of water

is the collapse o: the hexahydrate lattice. The 
triphosphate ion in the hydrous amorphous phase 
formed tends to be hydrolytically degraded and 
one or more species from the resulting mixture may 
crystallize depending on the particular conditions 
of temperature, water vapor pressure and com­
position.

For direct dehydration, requiring the catalytic 
effect of water vapor pressure, the primary step 
is the direct transformation from the hexahydrate 
lattice to the anhydrous triphosphate lattice with 
the simultaneous loss of six moles of water. The 
role of water vapor is obscure but such a role in 
aiding crystallization of a dehydration product is 
not uncommon.10-11 The direct dehydration is 
nucleated along lines perhaps corresponding to 
twinning planes (or protected edges of the crystal) 
rather than at random points in the surface. 
Evidence cited above indicates that preliminary 
degradation inhibits the initiation of direct de­
hydration, possibly by modifying nucleation sites. 
However, following a rapid nucleation, the reaction 
proceeds rapidly with no apparent impedance to 
diffusion of water from the reaction zone. Mean­
while, decomposition by the degradative mecha­
nism may take place but, because of its long induc­
tion period and slow acceleration, does not contrib­
ute significantly to the reaction, at least 130°.
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The solubilities of isobutylene in dinonyl phthalate have been measured at 0-100° for isobutylene pressures in the range 
72.6-740 mm. The non-ideality of the solutions is discussed in relation to Raoult’s law, and the heat of solution was found 
to be 4.56 kcal./g.-mole. The diffusion coefficients of isobutylene in dinonyl phthalate have been measured at low concen­
trations of dissolved isobutylene using the square root law. The diffusion coefficients in cm.2/sec. are given by Dl =  0.64 
exp ( — 8000/RT). The experimental data are interpreted on the basis of various models for diffusion in the liquid phase.

Introduction
The solubilities and diffusion coefficients of 

isobutylene in dinonyl phthalate are of interest 
since this system is typical of hydrocarbon systems 
found in separations by gas-liquid partition chro­
matography. The most widely used method of 
determining diffusion coefficients of dissolved 
gases is to measure the rate of volumetric uptake of 
gas through a gas-liquid interface. The diffusion 
coefficient is then obtained from the data by apply­
ing the square-root law, first used by Stefan1

V  =  m V r  (1)

and

Dh =  x  [ 2RTA{c* -  « ) ]  ( 2 )

In order to calculate the diffusion coefficient Dl 
from the slope m of the plot of volume absorbed 
V vs. \ / 1, where i is time, it is first necessary to 
know the solubility c* of the gas in the liquid at the 
pressure P. T is the absolute gas temperature. 
The surface area of the gas-liquid interface is A 
and Ci is the initial uniform concentration of the 
gas in the liquid phase before exposing the interface 
to the diffusing gas. R is the universal gas con­
stant. In the derivation of equations 1 and 2 from(1) J. Stefan, Sitzber. Wien. Akad., 79, Abt II, 179 (1879).
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Fig. 1.—Apparatus: A, compressed air; B, solubility 
bulb; BA, balancing arm; DC, diffusion cell; GB, gas 
buret; GS, gas supply; HV, high vacuum pumps; J, 
glass blown joint; Mi, Ms, mercury manometers; M 2, 
inclined tube manometer with levelling pointer; M4, 
dibutyl phthalate manometer; R, reference volume; S, 
stopcocks; T, cold traps; V, vacuum line; W, water-bath.

Fick’s law, it has been assumed that the liquid is of 
infinite depth, the diffusion coefficient is independ­
ent of concentration, there is no change in volume 
of the liquid phase on solution and there is no gas 
film resistance at the interface. The experimental 
methods described in the literature differ mainly in 
the geometry of the gas-liquid interface. Plane 
surfaces have been used by Pomeroy and co­
workers,2 Hill and Lacey3 and also Reamer, Opfell 
and Sage4 to measure diffusion coefficients in hy­
drocarbon systems under pressure. Curved sur­
faces have been used by Ringbom,5 Gertz and 
Loeschcke,6 Groothius and Kramers,7 Davidson 
and Cullen8 and Houghton, et aZ.9

The present work is concerned with an apparatus 
for the measurement of both solubilities and dif­
fusion coefficients. The diffusion coefficients are 
determined at low gas pressures in such a way that 
the assumptions inherent in the square root law are 
virtually satisfied.

Experimental
The apparatus for the measurement of both solubilities 

c* and diffusion coefficients D l is shown in Fig. 1. To de­
termine solubilities it is only necessary to glass-blow the 
solubility bulb B in place of the diffusion cell DC and close 
stopcock Sis.

The isobutylene used in these experiments was Matheson 
O.p. grade (99.0% minimum purity) and was introduced 
into the evacuated system at the gas supply point GS. The 
gas entering the system was condensed in the trap T2 by a 
mixture of Dry Ice and ethanol at —78°. By alternately 
warming, cooling and evacuating, it was possible to remove 
air and other light gases from the isobutylene. The re­
maining liquid was then fractionally distilled by warming 
trap T 2 to 0° and placing a Dry Ice-ethanol mixture around 
T3 to condense the vapor. The middle one-third fraction 
was collected in T 3. The purity of the isobutylene could

(2) R. D. Pomeroy, W. N. Lacey, N. F. Seudder and F. P. Stapp, 
Ind. Eng. Chem., 25, 1014 (1933).

(3) E. S. Hill and W. N. Lacey, ibid., 26, 1324 (1934).
(4) H. H. Reamer, J. B. Opfell and B. H. Sage, ibid., 48, 275 (1956).
(5) Von A. Ringbom, Z. anorg. allgem. Chem., 238, 94 (1938).
(6) K. H. Gertz and H. H. Loeschcke, Z. Naturforsch.. 9b, 1 (1954).
(7) H. Groothuie and H. Kramers, Chem. Eng. Sci., 4, 17 (1955).
(8) J. F. Davidson and E. T. Cullen, Trans. Brit. Inst. Chem. Eng., 

35, 51 (1957).
(9) G. Houghton, P, D. Ritchie and J. A. Thomson, to be pub­

lished.

be checked by measuring its vapor pressure at 0° on mercury 
manometer Mi.

To make a solubility measurement, about 0.5-1.5 g. of 
dinonyl phthalate (National Research Corporation, specially 
refined Narcoil-40) was weighed into the bulb B, which was 
then joined onto the system at point J. A small amount of 
mercury (about 1 ml.) was also introduced into the bulb to 
facilitate agitation during absorption. The dead space 
between the bulb B and stopcock Su was first determined by 
expanding air from the gas buret GB into the evacuated dead 
space. The dead space was determined at several tempera­
tures in the range CF100°. To continue the solubility meas­
urement, the system was again evacuated and Su closed. 
Purified isobutylene was then allowed to fill the gas buret 
through S6 until the desired pressure was reached. The 
gas in the mercury-filled buret was then isolated from the 
rest of the system by raising the mercury in the cut-off M 2, 
which also served as an inclined tube manometer. Stopcock 
Si4 was lubricated with a glycerol-bentonite mixture that 
does not dissolve hydrocarbons. On opening S5 to the 
manometers M s and M4 the pressure in the gas buret could 
be balanced with an equal pressure of air, by opening Se 
until the inclined tube manometer M 2 registered no dif­
ferential pressure. The inclined tube manometer was sensi­
tive to 0.05 mm. Pressures below 50 mm. were measured to 
0.05 mm. on the dibutyl phthalate manometer M 4, while 
pressures above 50 mm. were read on the mercury manom­
eter Mj to 0.2 mm. On opening SJ4 and agitating the 
bulb B it was possible to measure the volume of gas taken up 
by a known weight of Narcoil at the pressure in the system. 
Before reading the gas volume on the buret, it was always 
necessary to balance the inclined tube manometer M 2. It 
was the practice to first measure the solubility at 100° and 
then lower the temperature in steps of about 25° until 0° was 
reached. In this way a complete solubility isobar was ob­
tained. The water circulating around the bulb was pro­
vided from a thermostated bath which could be held at any 
temperature in the range 0-100° to within ±0 .05° The 
100 ml. gas buret GB could be read to within ±0 .1  ml.

The diffusion cell D C in Fig. 1, used to measure the diffu­
sion coefficients, consisted of a glass tube 15 cm. long, whose 
cross-sectional area was found to be 5.16 cm.2, and a balanc­
ing arm BA. During a measurement dinonyl phthalate 
filled part of the diffusion cell and the balancing arm to a 
depth of 12 cm. The position of the dinonyl phthalate men­
iscus in the balancing arm was used to follow the absorption 
of the gas and balance the pressure in the system. To make 
a measurement the system was pumped out and stopcocks 
Si3 and Si4 were closed. The gas buret was then filled with 
isobutylene as before at a low pressure in the range 20-30 
mm. and the equivalent balancing air pressure was measured 
on the manometer M4. By simultaneously opening S13 and 
S« the diffusion run was started. During a run the reading 
of the gas buret GB was recorded as a function of time, such 
that the meniscus on the balancing arm BA was maintained 
at the constant zero level. Finally the dinonyl phthalate 
used in the diffusion measurements was degassed at 50° in 
vacuo for a period of 10 hours before making a determination.

In order to calculate c*, the solubility in g.-m ole/cm.3, it 
is necessary to know the density of the sample of dinonyl 
phthalate. The density was therefore determined pykno- 
metrically at five temperatures about evenly spaced in the 
region 0-100°. The results are fitted to within 0.2%  by the 
relationship

p =  0.980 -  0.00071(r -  273) (3)
where p is the density of dinonyl phthalate in g./m l. and T 
is the absolute temperature in °K.

The viscosities of dinonyl phthalate used in the diffusion 
theory were determined in the range 0- 100° by a series of 
calibrated Ostwald-Fenske viscometers.

Results and Discussion
In order to calculate the diffusion coefficients Dj, 

it is necessary to have the solubilities c* as a func­
tion of temperature and pressure so that the 
solubility data will be discussed first.

Solubilities.— The experimental solubilities of 
isobutylene in dinonyl phthalate were obtained in 
the region 0-100° in the form of isobars at 72.6,
96.0, 164.0, 299.0, 444.0, 606.0 and 740.0 mm.
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The volumes absorbed under the particular experi­
mental conditions were converted to mole fractions, 
x, of isobutylene, so that the following modified 
form of Henry’s law could be used

P =  Kx  (4)
where

K  =  Be-^H/RT (5)

If the system obeys Raoult’s law then the empiri­
cal constant K  will be equal to the vapor pressure 
p° of isobutylene at the absolute temperature T. 
At the temperatures in the present experiments, 
dinonyl phthalate can be considered as an invola­
tile solvent since its vapor pressure is less than 10 _s 
mm. Combining equations 4 and 5

ln x =  RT  +  ln ( b )  6̂>
Since the measurements were obtained at a constant 
total pressure P, and B is assumed to be a constant, 
then a plot of log x vs. 1/T will be a straight line of 
slope AH/2.303R, where AH is the heat of solution. 
Figure 2 shows that the experimental data, when 
plotted in this way, give good straight lines with a 
deviation less than ± 2 % . From these graphs it is 
possible to obtain isothermal plots at 0, 15, 25, 50, 
75 and 100° which are shown in Fig. 3 as smooth 
curves of x vs. P. From the smoothed data of Fig. 
2 it is then possible to construct Table I showing the 
mole fraction of isobutylene in the liquid phase at 
even increments in temperature and pressure. 
In keeping with the accuracy of most solubility 
data obtained in this way (cf. Houghton, et al.10) 
the tabulated data have an estimated accuracy of 
± 3 % . According to Henry’s law the volume of 
gas absorbed is relatively independent of pressure, 
so that the data reported in Table I will have a 
roughly constant percentage error even for the 
smallest solubilities. The most common soiree of 
error in solubilities determined by volumetric 
absorption is the difficulty of reaching true equilib­
rium. In the present work, supersaturation was 
avoided by always starting at the highest tempera­
ture and reducing the temperature in steps, while 
undersaturation was minimized by waiting until 
no further changes in volume absorbed were noted.

T a b l e  I
So l u b il it ie s  o f  I s o b u t y l e n e  in  D in o n y l  P h t h a l a t e  

p ,
mm.

I, ,------------- Mole fraction isobutylene in liquid phase, x-
°c. 100 200 300 400 500 600 700 740

0 0.110 0.209 0.30 0.38 0,47 0.55 0.60 0.62
15 .070 .135 .194 .25 .31 .36 .40 .42
25 .054 .104 .149 .195 .24 .28 .31 .33
50 .030 .057 .083 .108 .133 .157 .181 .191
75 .0179 .035 .051 .067 .082 .098 .113 .119

100 .0111 .022 .033 .043 .054 .065 .075 .079

Figure 3 also shows the nature of the fit of the 
experimental data to Raoult’s law using the vapor 
pressures of Coffin and Maass.11 Since these latter 
authors only list vapor pressures of isobutylene for 
temperatures in the range —79 to 22°, it was found 
most convenient to make comparisons at 0 and 15°.

(10) G. Houghton, A. M. McLean and P. D. Ritchie, Chem. Ena. 
Sci.. 6, 132 (1957).

(11) C. C. Coffin and O. Maass, Trans. Roy. Soc. (Canada), 21, 33 
(1927).

Isobutylene pressure P, mm.
Fig. 3.— Solubility isotherms and Raoult’s law—x vs. P.

It is evident that below 25°, plots of x vs. P  are 
curved and that deviations from Raoult’s law may 
be as much as 20% at the higher pressures. How­
ever, at 50, 75 and 100° the isotherms are linear 
within the 3% experimental error, but in this range 
there are no vapor pressure data for comparison 
with Raoult’s law. At pressures below 200 mm. 
plots of x vs. P  were found to be linear within 5% 
for temperatures in the range 0-25° and linear to 
within 3% for temperatures in the range 25-100°.

Since the isotherms are relatively linear below 
200 mm. the average heats of solution, AH, of
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s/t, m in .1/-!.

Fig. 4 .—Square root law plots— V vs. a/ t: 9 , 0.0°, 19.6 mm.; 
O, 60.0°, 21.9 mm.; •, 75.0°, 25.8 mm.

1 /T, °K.-> X  103.
Fig. 5.— Diffusion coefficients and viscosities as a function of 

temperature— log D l  and log ( l / n )  vs. T~\

isobutylene in dinonyl phthalate were calculated 
from the slopes of the isobars in Fig. 2 at the pres­
sures of 72.6, 96.0 and 164.0 mm. and were found 
to be 4.54, 4.57 and 4.56 kcal./g.-mole, respectively 
for the temperature range 0-100°. The average 
heat of solution is 4.56 ±  0.02 kcal./g.-mole, com­
pared with a value of 5.4 ±  0.2 kcal./g.-mole for the 
heat of vaporization of isobutylene calculated from 
the vapor pressure data of Coffin and Maass11 in the 
temperature range 0-22°. It is evident from this 
comparison that even though the isotherms are 
relatively linear below 200 mm., Raoult’s law is still 
not applicable to the solutions. Furthermore 
these observations perhaps lead to the general con­
clusion that linear chromatography will be a rare 
occurrence even for the simplest hydrocarbon sys­
tems.

Diffusion Coefficients.—The diffusion coefficients 
were obtained by plotting the volume absorbed 
V vs. ~\/t at constant temperature T and pressure 
P. Typical plots are shown in Fig. 4. The dif- 
fusivities Dl were calculated from the slopes m 
using equation 2. In the present work the initial 
concentration c\ in the liquid is zero before admit­
ting the gas. The solubility c* in equilibrium with 
a pressure P  of isobutylene was calculated by using 
the observation that below 200 mm., the isotherms 
are linear and obey equation 4 within the error of 
the measurements. The densities of liquid dinonyl 
phthalate were calculated from equation 3. Since 
all the diffusion measurements were made at low 
pressures in the range 20-30 mm., the solubilities 
of isobutylene were so low (less than 2 mole % ) 
that the volume change on solution was negligible 
compared with the ±  3%  error in the solubility 
measurements. As a consequence it was unneces­
sary to determine the densities of isobutylene- 
dinonyl phthalate solutions.

By repeating diffusion coefficient measurements 
under similar conditions, it was found that the pre­
cision of the determination was within ± 5 %  As 
with most diffusion measurements of this kind, the 
above deviation is largely due to the presence of 
convection currents in the liquid phase caused by 
temperature and concentration differences. How­
ever, the presence of convection is often easy to 
detect since its onset produces a rapid change in 
slope of the plot of V vs. s/T&s shown by the later 
part of the isotherm at 0° in Fig. 4. To avoid con­
vection due to temperature gradients, a period of 3 
hours was allowed for the liquid temperature to 
become uniform before starting a run.

The effect of dissolved isobutylene concentration 
on the diffusion is likely to be negligible compared 
with the experimental precision of ± 5 %  since the 
dissolved gas never exceeds 2 mole %  for all the 
diffusion measurements.

The possibility of error in the diffusion measure­
ments incurred by the presence of an inert gas film 
resistance is eliminated in these experiments by 
the use of pure isobutylene.

With respect to the effect of liquid depth on the 
diffusion rates, the average diffusion length, \ /Dzt, 
for a relatively high diffusion coefficient of 10 ~6 
cm.2/sec. and a run lasting 100 min. is about 0.25 
mm. Hence the depth of penetration into the 
liquid of 0.25 mm. is negligible compared with the 
total depth of liquid of 120 mm. Further, Pom­
eroy2 has shown experimentally that the depth of 
the liquid phase has a negligible effect so long as the 
liquid contains less than half the gas required for 
its saturation at the prevalent temperature and 
pressure. This criterion is satisfied in the present 
experiments when, at the end of a typical run, less 
than 0.2% of the gas required for saturation is dis­
solved in the liquid.

It is evident from the above discussion that the 
assumptions involved in the use of the square-root 
law lead to errors negligible compared with the 
precision of the determination, namely ± 5 % . 
As a consequence, it may be expected that the dif­
fusion coefficients will also have good absolute ac­
curacy, also of the order of ± 5 % .
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Figure 5 shows a plot of log Dl vs. l/T. The 
least squares line through the experimental data is 
given by the equation

r, naA (  8000\Dl = 0.64 exp \ (7)

where the units of Z>l are cm.2/sec. Equation 7 
has been used to calculate the observed values of 
Dl in Table II for comparison with values cal­
culated by various theoretical and empirical ap­
proaches which will now be discussed.

T a b l e  I I

D if f u sio n  C o e f f ic ie n t s  a n d  V isc o sitie s

°c.

.--------0

. M.
poise

bsd. values- 
Dl

X 107, 
cm.*/ 
sec.

D l /x
~~kf 

X 107, 
cm .“ 1

,----------Th
D l X

Eyring15

ieor. values-----------%
107, cm.Vsec.

Longuet- 
Hig-

Wilke14 gins**
0 6.82 2.6 4 .7 0.023 0.059 76
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25 0.813 8.8 1.7 .077 .53 87
50 .234 25 1.3 .21 1.96 99
75 .0927 61 1.2 .51 5.3 112

The temperature dependence of the diffusion 
coefficient D l and the solvent viscosity p can be 
compared by using the following equation obtained 
by Taylor12 from Eyring’s13 results

■Dlm  _  Xi 
hT X2X} (8)

where Xj, X2 and X3 are the dimensions of the cell 
occupied by the molecule, so that the product 
X1X2X3 =  X3 represents the volume of the cell with X 
as the average distance between two successive 
equilibrium positions of a diffusing molecule. Equa­
tion 8 arises from Eyring’s theory of absolute reac­
tion rates by assuming that binary diffusion is a 
special case of self-diffusion of solvent molecules. 
Table II shows that D-pp/kT is not constant as pre­
dicted by (8), but varies markedly with tempera­
ture. It is further evident from Fig. 5 that the 
slope of the log (l/p) vs. l/T  plot only approaches 
that of the log ( D l )  vs. l/T  plot at temperatures 
above 35°, indicating that at low temperatures the 
mechanism of isobutylene diffusion is different from 
that of self-diffusion of dinonyl phthalate. Addi­
tional evidence that the rate of diffusion of isobu­
tylene in dinonyl phthalate is much faster than the 
self-diffusion of dinonyl phthalate is obtained by 
estimating Dl from the equations

w - » x 10« Mo-6
yo.6 (9)

Equation 9 is an empirical modification of (8) for 
unassociated liquids due to Chang and Wilke14 and 
equation 10 is due to Eyring and co-workers.16 
M  and V  are the molecular weight and molecular 
volume of the solvent, respectively, while V{ is the 
free volume of the cell not occupied by the solvent 
molecule. The following approximations due to 
Eyring and Hirschfelder16 were used for X and

(12) H. S. Taylor, J. Chem. Phi,»., 6, 331 (1938).
(13) H. Eyring, ibid., 4, 283 (1936).
(14) P. Chang and C. R. Wilke, J. Phye. Chem., 59, 592 (1955).
(15) A. E. Steam, E. M. Irish and H. Eyring, ibid., 44, 981 (1940).

Vi
X =  ( V/N)'h and Vt =  (2RT/AE,)(V/N)V> (11)

N  is Avogadro’s number, AEy is the latent heat of 
vaporization and n is a parameter equal to the ratio 
of the latent heat of vaporization of the solvent to 
the activation energy for diffusion. In the present 
work the latent heat of vaporization of dinonyl 
phthalate has been calculated to be 24.1 kcal./g.- 
mole from its vapor pressure data,17 while the 
energy of activation from equation 7 is 8.0 keal./g.- 
mole, giving a ratio of 3.0. Taylor12 has quoted a 
value of n =  3.0 for the diffusion of tetrabromo- 
ethane in tetrachloroethane using the data of 
Cohen and Bruins18; Ewell and Eyring19 have 
found n =  3.0 for viscous flow of benzene and n =
2.4 for diffusion in aqueous solutions, while Fish­
man20 gives values of 3.6 and 3.7, respectively, for 
the self-diffusion of pentane and heptane. It is 
evident from Table II that values of D l calculated 
from equations 9 and 10 are a factor of 20-100 
smaller than the experimental values. This result 
is not surprising since Eyring’s approach assumes 
that the solute and solvent are the same molecular 
size, when in this case the volume of an isobutylene 
molecule21 is 1.5 X  10~22 cm.3 at 0° compared with a 
value of 7.1 X  10 ~22 cm.3 for a dinonyl phthalate 
molecule. Since n — 3.0 the average hole size will 
be about one-third the size of a dinonyl phthalate 
molecule, or 2.4 X  10-22 cm.3, which is still some­
what larger than an isobutylene molecule. Steric 
effects may also be important since the long chain 
nonyl groups may hinder the self-diffusion of di­
nonyl phthalate and yet provide interstices through 
which isobutylene molecules may readily pass.

A further method of estimating the diffusion 
coefficients is the equation of Longuet-Higgins and 
Pople,22 derived on the assumption that the mole­
cules of the liquid are closely packed hard spheres of 
diameter <r with no interaction

Following McCall, Douglass and Anderson23 the 
cohesive pressure P  and the molecular diameter <r 
can be estimated from

P  =  AEv/V and <7 =  (2.37F)1 ■'» X  l(X e (13)

The equation for a assumes that the molecules are 
spherical and fill 75% of the available space. It is 
evident from Table II that values o f D l calculated 
from equation 12 are somewhat higher than the ex­
perimental values and that the temperature de­
pendence is not as great as that observed experi­
mentally. This is further indication that molecular

(16) H. Eyring and J. Hirschfelder, ibid., 41, 249 (1937).
(17) Private communication from National Research Corporation, 

Newton Highlands, Massachusetts.
(18) E. Cohen and H. R. Bruins, Z . physik. Chem., 103, 404 (1923).
(19) R. H. Ewell and H. Eyring, J. Chem. P h ys., 5, 726 (1937).
(20) E. Fishman, J. P h ye. Chem., 59, 469 (1955).
(21) The density of liquid isobutylene is 0.620 g./cm.* from the 

data of Coffin and Maase.11
(22) H. C. Longuet-Higgins and J. A. Pople, J . Chem. P h ys., 25, 

884 (1956).
(23) D. W. McCall, D. C. Douglass and E. W. Anderson, ibid ., 31, 

1555 (1959).
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interactions in the liquid phase cannot be neglected 
and that the diffusion of isobutylene in dinonyl 
phthalate is an activated process. 
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The formation of 1:1 complexes in solution has been considered from the standpoint of (a) solvent competition, (b) various 
concentration ratios of electron donor to electron acceptor, and (c) the effect on the equilibrium constant when concentration 
terms are neglected in the equilibrium constant expression. The general views developed are applied to several examples for 
iodine complexes.

Introduction
The work of Benesi and Hildebrand1 on the 

interaction of iodine with aromatic hydrocarbons 
has led to an increasing number of investigations 
to determine the properties of such complexes. 
A commonly employed technique for these studies 
is the spectrophotometric method because, apart 
from convenience, the spectral data are in them­
selves of theoretical interest.2 The progression of 
studies has led simultaneously to modifications of 
the Benesi-Hildebrand equation1 in order to 
handle a variety of specific experimental conditions. 
Many of these modifications have been reviewed 
recently by Drago and Rose,3’4 and will not be 
restated here.

The effect of solvent on the equilibrium con­
stants of complexes dissolved in different solvents 
also has received some attention. Merrifield 
and Phillips5 have proposed that, for their study, 
the differences in the constants found in various 
solvents could be accounted for by considering a 
second equilibrium between solvent and the elec­
tron acceptor in addition to the normal electron 
donor-acceptor interaction. The equation em­
ployed by these investigators is essentially the 
same as that formulated by Corkill, Foster and 
Hammick6 for the case of a single electron ac­
ceptor interacting with two electron donor species. 
This treatment is limited to the case where both 
electron donor species are in large excess, so that 
the equilibrium and initial concentrations are 
taken as being equal. The re-evaluation by 
Drago and Rose3'4 has shown that, in some cases, 
appreciable error can be introduced by neglecting 
the correction for the small change in concentra­
tion of the electron donor species.

It is the purpose of this paper to show that, omit­
ting the factor of activity coefficients, all aspects 
can conveniently be taken into account in studies

(1) H. A. Benesi and J. H. Hildebrand, J. Am. Chem. Soc., 71, 2703 
(1949); 70, 2832 (1948).

(2) R . S. Mulliken, ibid., 74, 811 (1952); J. Phys. Chem., 56, 801 
(1952).

(3) N. J. Rose and R. S. Drago, J. Am, Chem. Soc., 81, 6138 (1959).
(4) R. S. Drago and N. .T. Rose, ibid., 81, 6141 (1959).
(5) R. E. Merrifield and W. D. Phillips, ibid., 80, 2778 (1958).
(6) J. M. Corkill, R. Foster and D. L. Hammick, J. Chem. Soc., 1202 

(1955).

on the formation of 1:1 molecular complexes. 
It is shown that if approximations are introduced 
in the equations commonly employed it is possible 
to estimate their effect on the results.

Mathematical Considerations
If an electron donor B and an electron acceptor 

Z are dissolved in a solvent S the simultaneous 
equilibria7’8 are

B +  Z < > Complex 1 
S +  Z  ̂ > Complex 2 

and the corresponding constants are
Co,K ,  = 

K-.

(C  B — Cc,)(Cz — Cc, — C o ,)

C c ,

(1)

(2)(Cs — Cc2)(Cz — Cci — C  o2) 
where the concentration terms, in moles per liter, 
are self-evident.

Case 1.—Cs Ccv This simplifies equation 2 to
C c ,

K ,  =

From equation 1

Cz -  CCl -  Cc, = 

And from equation 3

C c , =

(C g ) (C z  — C c, — Cc2) 

Cc,
K , ( C b -  Cc,) 

(Cz — CclAïCg

(3)

(4)

(5)
1 +  K ,C  s

Substituting (5) in (4) and solving for Kt gives
Cc,(l +  I û C s )K , = (6)(C„ -  CCl)(Cz -  Cc,)

This equation is readily altered to that of (7)

K r l =
l

(1 +  K i C s )
CbCz f, o  a n—p,------- Ob — Oz OcOc (7)

(7) If the electron donor reacts with the electron acceptor to form 
a series of complexes from 1:1 to nil, the equilibrium constant is

Ki Cc,
r i  n

i r , ? W Cz - Cç, 
*

Ë  K i

which, except for additional constants, is of the same form as equation 
1.

(8) It is apparent that the same considerations are applicable if the
solvent S is an electron acceptor rather than donor.
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or it can be expanded to give9
K ,C * c , -  (1 +  K 2C 5 +  K ,C z  4- K ,C ^ )C 0i +

K xCzCb =  0 (8)
Case 2.—Ca A- Cc2; CzCb »  C2c,-— Equation 8 

is thus reduced from a quadratic to a linear equation 
in Cci, the solution for which is

C  c K ,C bC  z
X 2Cs +  A a Cb +  Cz) +  1 

This equation can be rearranged to (10)

X r 1
1

(1 +  k 2Cs)
CbC z

c c, CB -  C2

(9)

(10)

Case 3.— Cs ^  Co,: CzCb A- C2c,; Cb A- Cz- 
For these conditions it follows directly from (9) and
(10) that

C o = Zv i C b C z

X 2(7s +  K iCb +  1
and

K r 1 =
1 \C bC z Cb(1 +  A 2C6) }  C Cl 

Spectrophotometric Equations.10—F rom
A -= acibCci +  b X) a¡C¡

t‘ * l

(11)

(12)

(13)

where A =  absorbancy, Cc, =  equilibrium con­
centration of the electron donor-acceptor complex 
having a molar absorbancy index ac„ b =  length 
of cell, and Ci =  equilibrium concentration of the 
ith species having a molar absorbancy index a-i, 
it follows that equations 7, 10 and 12 can be 
written in the equivalent forms, respectively

X r 1 =  Ti“ , - .
CbCzocJ)

(1 +  K 2c s ) ( a  _  b V  OiC,
-  C „  -  Cz +

.4 - 1  E  ttiC;
_______ ¿ = 1

acib

K r 1
CnCzacfi

( i  +  k 2c s ) y )  a ¡c ¡
¡=1

K r 1 =
1 CnC'/xioib

(1 +  K-iCs) < A  — b E )  «¡C i
(  ¡' =  1

Discussion

-  CB -  Cz

— Ci

(14)

(15)

(16)

The simultaneous equations 1 and 2 involve no 
assumptions other than those of unity for the 
activity coefficients and the absence of higher 
complexes, these being the standard assumptions 
in reporting data on 1:1 complexes. Thus the 
thermodynamic equilibrium constant is not under 
consideration here, but rather K c  or K x, where

(9) B y retaining the C c 2 term in equation 2 and equating this w ith
(1) leads to

C \ 2 ( K b -  K t )  -  C e, (1 +  K tC s  +  [Ah -  K 2\Cz +

A .C b ) +  A ,C zC b -  / |C c ‘ - =  0 Cb — '-Ci
Unless one deliberately selects a system such tha t the last term be­
comes of importance, the above equation essentially reduces to  tha t of 
equation 8.

(10) The evaluation of the equilibrium constant by use of spectro­
photometric data involves certain assumptions regarding spectral 
characteristics. See, for example, W. G. Barb, Trans. Faraday Soc., 
49, 143 (1953).

C and X  refer to units of mole 1._1 and mole frac­
tion, respectively.

Case 1.—Simplification of equation 2 to 3 is 
quite justifiable, in all practical cases, since the con­
centration of solvent generally is in such great 
excess. The resulting equation 7 includes the 
solvent contribution in determining K h and thus 
has the special advantage of being applicable 
when using a “ like”  solvent in order to widen the 
range of study of difficultly soluble substances.

Equation 7 (or its equivalent, (14)) takes the 
form utilized by Rose and Drago8 for the simple 
donor-acceptor interaction, i.e., K% =  0. It is 
evident that the detailed analytical discussion 
presented by those authors is applicable here as 
well. In addition, however, observed curvature 
in X i_1 as a function of solvent dilution could be 
related to the term 1 +  K 2Cs; thus permitting, 
in principle, an evaluation11 of the magnitude of K 2. 
For example, the conclusion of Rose and Drago 
of the absence of a variation in K ^ 1 as a function 
of solvent concentration for the benzene-iodine 
complex in carbon tetrachloride would be in ac­
cord with the assumption that K 2 is quite small.12

The quadratic equation 14 can be solved by an 
iterative procedure such as utilized by Kiefer 
and Andrews.13 It can also be evaluated graphi­
cally, as shown by Rose and Drago,3 giving at 
same time an indication of the precision. A re­
lated method, but one which is based on an alge­
braic procedure, has been reported by Briegleb and 
Czekalla.14 The latter two procedures, by their 
nature, generally result in large error limits for the 
quantities evaluated. A preferable procedure, 
one based on the method of least squares, will be 
illustrated in the next section (Experimental 
Considerations).

Case 2.—One of the major features of equation 7 
is that it enables the study to be carried out for all 
ratios of donor: acceptor concentrations. Hence, 
it overcomes the often used experimental restric­
tion of working with a large excess of one reagent,

(11) I t  is possible also to determine Ki independently by  studying 
the S +  Z interaction in some “ inert”  solvent, as was done by M erri- 
field and Phillips.5 In  principle, om itting ac tiv ity  factors, i t  is 
possible to determine the values for three equilibrium constants by 
studying each of the three pairs of systems separately. However, 
i t  is very doubtful that, except perhaps for very similar systems 
the activ ity  coefficients can be neglected. A t room temperature, the 
equilibrium constant, K x, fo r the benzene-iodine complex in carbon 
tetrachloride is larger than tha t for the complex in  n-heptane, being
1.73 and 1.15, respectively.1 The same is found for the mesitylene— 
iodine complex in these two solvents, i .e . ,  7.2 and 5.3, respectively, 
which is a change in the same direction and of a somewhat similar per­
centage magnitude as for the benzene-iodine case. On the other 
hand, for dioxane-iodine at 25°, K x  is smaller in carbon tetrachloride 
than in  n-hexane (which should have properties similar to n-heptane), 
being 9.1 and 9.3, respectively.15

(12) I f  a 5% variation in K i _1 between the region of low and of high 
concentration can be taken as significant, and if  the value of 10.3 mole 
l . _1 for the concentration of pure carbon tetrachloride a t 25° is used, 
an upper lim it for K 2 <0.005 1. m ole"1 can be set. The setting of 
these lim its  for cases where solvent interaction is weak should not be 
construed as implying the existence of a complex, nor can these lim its 
be utilized in general in conjunction w ith observed absorbancies of 
solvent-electron acceptor solutions since, as has been proposed, these 
spectra can arise w ithout the formation of a true complex [see S. P. 
McGlynn, Chem. R ev s ., 58, 1113 (1958), for a recent summary on con­
tact charge transfer].

(13) R. M . Keefer and L. J. Andrews, J . Am. C h em . Soc., 74, 1891 
(1952).

(14) G. Briegleb and J. Czekalla, Z . Elehtrochem., 58, 249 (1954).
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as is necessitated in employing the Benesi-Hilde- 
brand equation or the Ketelaar16 modification.

The approximation CzCb^  C2Ci leads to equa­
tion 9 or 15 and puts the data in linear form, 
which makes it convenient for analysis.16 At 
the same time, (9) or (15), which would be valid 
for most studies, still retains the feature of per­
mitting varying the donor: acceptor ratio over the 
entire concentration range. The product CzCb 
must be greater than C 2c„ and the difference will be 
larger for the conditions of (1) a large excess either 
of Cz or Cb , (2) dilute solutions, and (3) weak 
complexes.

Rearranging equation 15 gives
Cz&Cb______ C b +  Cz . 1  +  K 2Cg

A  -  6  a,Ci aoi Kiaci
» ** 1

For very dilute solutions, where the solvent con­
centration Cs is essentially the same in all experi­
ments, a plot of the left-hand term vs. Cb +  Cz 
should give a straight line. For more concentrated 
solutions, where it is desirable to take into account 
differences in solvent concentration, the data may 
be plotted according to equation 18.

C z & C b  _

(1 +  K tC B) ( A  ~ b J 2  a-iCCj ~

C b  F  C z  | 1 n s i

00,(1 +  K 2CS) ^  K iaCl

Dropping the K 2Cs term in (17) or (18) gives an 
equation similar to that which has been employed 
by Andrews and Keefer17 and also by Ross and 
Labes.18 It differs only in that the role of slope 
and intercept are interchanged as in the form 
preferred by Scott.19 In some cases considerations 
such as the formation of other than 1:1 complexes18 
and spectral interference of a reagent20 have made 
working with an excess of one reagent less practical.

Case 3.—For the added condition Cb )§> Cz, the 
equation 11 which is obtained is identical to that 
given by Corkill, Foster and Hammick.,6 and also 
by Merrifield and Phillips5 (if mole fraction is 
employed, Nb +  Ns =  1 ). Expansion of (16) 
would give an equation which is analogous to
(18), and if now the K 2C% term also is dropped 
the resulting equation becomes identical to that 
of Scott.19 Actually, the omission of the above 
terms does little to reduce the work in the usual 
methods of analyzing the data whereas their 
inclusion permits considerable expansion in the 
range of experimental conditions, especially to 
those cases where factors of cost and availability, 
as well as solubility, of reagents are of importance.

Effect of Concentration Approximations.—The ef­
fect of dropping concentration terms can be con­
sidered more quantitatively. Since the general

(15) J. A. A. Ketelaar, C. van de Stolpe, A. Goudsmit and W. 
Dzcubas, Rec. trav. chim., 71, 1104 (1952).

(16) H. Margenau and G. S. Murphy, “ The Mathematics of Physics 
and Chemistry/’ D. Van Nostrand and Co., New York, N. Y., 1943, 
Chapter 13,

(17) L. J. Andrews and R. M . Keefer, J. Am. Chem. Soc., 75, 3776 
(1953).

(18) S. D. Ross and M. M. Labes, ibid., 79, 76 (1957).
(19) R. L. Scott, Rec. trav. chim., 75, 787 (1956).
(20) R. Foxter, J. Chem. Soc., 5098 (1957).

discussion regarding the effect of concentration 
approximations on the evaluation of K\ is not al­
tered by assumptions regarding solvent interaction, 
a value of K 2 =  0 will be taken for convenience. 
Hence, equation 7 can be written as21

A T -1 =  -  CB)  -  (Cz -  Cc ) (19)

where the subscript for the equilibrium constant 
has been introduced to coincide with the equation 
considered because the value determined for the 
equilibrium constant depends upon the approxi­
mations employed.

The first approximation which can be made is 
to neglect C c. This, then, gives equation 20.

/A t 1 =  -  CB)  -  Cz (20)

The second approximation is to neglect the entire 
second term in (19)

K n- 1 = -  C B (21)

This leads directly to equation 12, or the Benesi- 
Hildebrand1 or Ketelaar16 equation.

Drago and Rose3'4 have pointed out, quite 
correctly, that introduction of approximations 
occasionally can lead to large errors. However, 
the effect of these approximations on evaluating 
/ l “ 1 can readily be estimated. Letting a =  Cb/Cz 
and letting /3 = G'c/Cz (be., fraction of acceptor 
species converted to complex), equations 19, 20 
and 21 reduce, respectively, to

The asterisk has been introduced in equation 22 to 
point out that, in general, ¡3 ?= (3* and a ^ a * . 
The left side of equation 23 or 24 is independent of 
the value of a or (3 because the product [(1 — /3)//3]a 
is a constant and, thus, K 20 may be calculated if 
K21 is known, and vice versa. This is not true of 
equation 22 where the term on the left is a function 
of /3 (or a). Therefore, it is not possible to substi­
tute (23) or (24) into (22) without first knowing 
the one value for ¡8 (or a) which satisfies all three 
equations simultaneously. This value cannot be 
selected a priori, but since /S must be between 0 
and 1, K 2o and K n represent the upper and lower 
limit, respectively, to K 12. In the above forms it 
is immediately apparent that whether (23) or (24) 
is a better approximation to (22) depends upon 
whether /3 is less or greater than 1/2. This is il­
lustrated in Fig. 1 which, at the same time, shows 
the errors to be expected by introducing the'ap­
proximations. When a =  1, large errors will re­
sult even in the region of small values for /3 if equa­
tion 21 is used, and for larger values of 13 the results 
get progressively worse for equation 20. But

(21) In this discussion it will be assumed that Cz <C Cb - Obviously, 
this does not limit the conclusions drawn since, for a reversal in con­
centrations, the two terms Cb and Cz in equation 19 can be inter­
changed.
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when a =  1000, the conversion of Cz to complex 
must be well above 90% before appreciable dif­
ferences arise among the various equations.

This does not mean that having a large excess of 
electron donor allows the form (20) or (21) to be 
used without caution, because it is just this condi­
tion which favors a large per cent, conversion of 
the electron acceptor. However, from the experi­
mental conditions employed and from even a crude 
evaluation of the equilibrium constant by any of 
the standard methods, reference to Fig. 1 will give 
immediately a good indication of the error to be 
expected from (20) or (21).

Experimental Considerations
The effect on the equilibrium constants of concentration 

approximations and of methods of calculation will be il­
lustrated by several pertinent experimental studies.

I. Benzene-Iodine.— The concentrations used by Benesi 
and Hildebrand1 in studying this complex in carbon tetra­
chloride were such that even the smallest value for a is of 
the order of 2000. Hence a point for this system is not 
shown in Fig. 1. However, considering that at room tem­
perature iodine dissolved in pure benzene is complexed to 
the extent of about 60 mole % ,' there should be little sig­
nificant dependence of the result on the method of analysis. 
The re-evaluation by Rose and Drago3 gave K x  =  1.78 
±  0.05; ac =  15,400 ±  600 1. mole-1 cm .-1, which are 
similar to the values obtained by Benesi and Hildebrand 
K x — 1.73; ac =  15,400 1. mole-1 cm .-1, entirely as ex­
pected.

The above remarks would be equally applicable, for ex­
ample, to the mesitylene-iodine system in carbon tetra­
chloride where it has been reported1 that iodine in pure 
mesitylene at room temperature is complexed to the extent 
of 85 mole % . Along the same lines, it is of interest that 
Briegleb, Czekalla and Hauser22 recently have noted that 
application of the Benesi-Hildebrand equation to the data 
for the picric acid-anthracene complex gave the same 
value for the equilibrium constant as the one obtained by 
means of a procedure developed previously14 in which all 
concentration terms are retained. It would be antici­
pated from the data that the Benesi-Hildebrand treatment 
would give a result which would fall within the 2%  error 
limit reported for the equilibrium constant of this complex.

II. Pyrene-Iodine.— The study of a number of poly­
nuclear aromatic hydrocarbon-iodine complexes in carbon 
tetrachloride has been reported in the literature23 and the 
results have been redetermined by Drago and Rose.4 
The latter authors show that there exists considerable scat­
ter in the data. Specific mention is made to the pyrene- 
iodine system where the re-evaluated result (K c  =  43 ±  7 
1. mole-1; ac =  140 1. mole-1 cm .-1) is appreciably different 
from the original (K c =  36.5 1. mole-1; ac =  161 1. mole-1 
cm .-1). The discrepancy seemed puzzling.

Replacing Cc in equation 19 by its spectrophotometric 
equivalent, A/bac (for the case where the complex is the 
only absorbing species, as seems applicable here), it is evi­
dent that greater caution must be exercised in omitting the 
Cc term for complexes whose molar absorbancy indices are 
low, as in the pyrene-iodine case. Experimentally^ the 
net effect of a low molar absorbancy index is to necessitate 
using more concentrated solutions, thereby favoring com­
plex formation. Thus the general considerations discussed 
earlier are equally applicable here, and reference can be made 
to Fig. 1 for estimating the effect of neglecting terms.

Using a =  100 as an approximation to the range of con­
centrations employed23 (Cz was held constant at 3.24 X 
10-4 mole l . -1 and Cb ranged from 2.79 X  10-3 to 6.99 
X 10-s mole l . -1), and using the reported value of Kc =
36.5 1. mole-1, the point A plotted in Fig. 1 shows that use 
of equation 19 should not appreciably alter the results from 
those obtained from (21), the equation used by Bhatta- 
charya and Basu.23 The source of the discrepancy was 
found to lie in an error in the original report. A redetermi-

(22) G. Briegleb, J. Czekalla and A. Hauser, Z. physik. Chem., 21, 
99 (1959).

(23) R. B. Bhattacharya and S. Basu, Trans. Faraday Soc., 24, 1286 
(1958).

Fig. 1.—Logarithmic scale of K 0-1/C  as a function of /3 for 
various values of a : dotted line, equation 22; dashed line, 
equation 24; solid line, equation 23. The points A, B and 
C represent iodine complexes with pyrene (in CCL),23 
with trimethylene sulfide (in CCL)25 and with triethylamine 
(in ra-heptane),30 respectively.

nation of Kc and ac from the original data by employing 
equation 21 and using a least squares treatment to determine 
the slope and intercept gives results (K c — 43 1. mole-1 and 
ac =  140 1. mole-1 cir..-1) in agreement with the values 
found by Drago and Rose.4 Consequently, the comments 
of the latter authors reflect not so much the need for elimi­
nation of approximations as they do perhaps the need for 
including an error treatment. In the above case an ap­
propriate treatment, following the procedure of Fieller,24 
gives for the 50% confidence interval K c  =  43.6 ±  5.6 1. 
mole-1 and ac =  142 ±  151. mole-1 cm .-1.

III. Trimethylene Sulfide-Iodine.— McCullough and 
Mulvey25 have studied a number of cyclic sulfide-iodine 
complexes in carbon tetrachloride. The work is of special 
interest for consideration here because the detailed data for 
trimethylene sulfide-iodine show that the concentrations 
used are in the range of a — 1 and also that complex forma­
tion is highly favored. Values for K c and ac were determined 
at a number of wave lengths using the iterative method of 
Keefer and Andrews.13 One typical result, K c -1 =  11.7 X 
IO-3 mole l . -1 and ac =  1920 1. mole-1 cm .-1 at 440 mju, 
was selected to see if the data could be treated more con­
veniently by use of equation 17. This approximation could 
introduce an error of a few per cent, as may be seen from 
point B in Fig. 1, the pcint having been evaluated from the 
typical data25 Cb =  2.060 X  IO-3 mole l . -1, and Cz =  
2.097 X  10 -3 mole l . -1, using the reported value for Kc-

Considering first the more exact solution, the form of 
equation 19 which is applicable to this study is

(24) E. C. Fieller, Ap-pendix Suppl. J. Roy. Stat. Soc., 7, 1 (1940).
(25) J. D. McCullough ani D. Mulvey, J. Am. Chem. Soc., 81, 1291 

(1959).



M ilton Tamiìes Vol. 65658

Fig. 2.— M s-1 as a function of a„ for the trimethylene sul­
fide-iodine complex in carbon tetrachloride at room tem­
perature. The points refer to the following concentrations 
in mole l.-1 X 103 for trimethylene sulfide and for iodine, 
respectively25: (1) 1.443 and 1.590; (2) 1.164 and 1.282; 
(3) 2.060 and 2.097; (4) 0.825 and 0.840; (5) 2.836 and 
0.599; (6) 2.294 and 0.484; (7) 2.151 and 1.048; (8) 1.604 
and 0.782.

(CB+C2)x l0 2,

Fig. 3 .— Cz&Cb/M  — azhCz) vs. Cb +  Czfor the system tri­
methylene sulfide-iodine in carbon tetrachloride at room 
temperature.25 The points refer to the same concentra­
tions as given in Fig. 2.

A'u 1 C p C z ia c  — a z )b  _  „  _  „  A  — ba zC z  
A  — bazCz B z b(ac — az)

(25)
where az is the molar absorbancy index of free iodine in 
carbon tetrachloride. Taking az =  89.0 1. mole-1 c m . '1

at 440 m/j; the value employed by McCullough, et al.,26,26 
A%-1 and ac were evaluated by the technique suggested by 
Drago and Rose.3'4 The series of lines thus obtained are 
shown in Fig. 2. It is seen that the lines intersect over a 
very wide range, with some lines being almost parallel, 
making a graphical analysis impractical. Therefore, the 
slope and intercept of each line were determined separately, 
and the points of intersection were calculated algebraically. 
A detailed listing of the 28 points of intersection will not 
be given, but they will be summarized as follows: 5 inter­
sections with negative values for Xis-1; 9 intersections with 
Kis~l ranging from 0 to 0.01; 12 intersections with K i9-1 
ranging from 0.01 to 0.023; 1 intersection with Ki$~' at 
about 0.036 and 1 at nearly 0.117. Averaging only the 
positive values for K\a '1 in the range 0 to 0.023 and aver­
aging the corresponding ac values gives, including the aver­
age error, K w~' =  10.7 ±  3.4 X 10-3 mole l . -1 and ac = 
1800 ±  4401. mole-1 cm .-1.

Using the approximate equation 20, which for this system 
takes the form (26), permits convenient graphical repre-

C zb C B 
A  — bazCz

C  B +  C z

(ac — az)
1

-fi%(ac — az)
(26)

sentation of the data. These are given in Fig. 3. There is 
some deviation from the expected straight line. However, 
it should be noted that the coordinates do not cover a wide 
numerical range.

From the values of the slope and intercept as determined 
by the method of least squares, the results for the equi­
librium constant and molar absorbancy index, for the 50% 
confidence interval,24 are Km~l =  12.2 ±  1.3 X  10-3 mole 
l . -1 and ac =  2010 ±  200 1. mole-1 cm .-1. Considering 
the error limits for the results obtained by the two analytical 
procedures, the use of the more convenient equation 26 
certainly seems justified.

The apparently large scatter in the results from the first 
treatment is due primarily to the method of analysis, which 
is essentially that of taking all pairs of combinations of the 
data to solve for two unknowns, and does not signify ex­
tremely poor data. This may be seen in the work of 
Briegleb and Czekalla, et a l.,'“'22 where comparatively 
large error limits appear in spite of the great precision in the 
data. From the second treatment it may be seen that a 
change in the absorbancy data of just a little more than 2% , 
which is not much beyond the normal error for the spectro- 
photometric method, w'ould make even the farthest removed 
point in Fig. 3 fall on the line.

If equation 25 is to be used to determine the equilibrium 
constant and molar absorbancy index of the complex, it 
would perhaps be better to employ the method of least squares 
as was done for equation 26. The latter equation has the 
form

Y =  sX  +  i (27)
where Y  = C zbC -s/ {A  — bazCz), X  =  Cb +  C z, the slope s 
=  1 /(ac  — az), and the intercept i =  \/Km(ao — az). 
Equation 25 can be put in the form

Y =  sX  +  i* -  sIF2 (28)

where i* =  l/K ls(ac — az) and W =  (A — bazCz)/b. A 
least squares evaluation of s and i* leads to the results Kw~' 
=  11.4 X 10-3 mole l -1 and ac =  1870 1. mole-1 cm .-1, 
which are close to the values obtained by McCullough and 
Mulvey26 from their iterative procedure.

It should be mentioned that small errors in az can have 
an appreciable effect on the calculated value for the equi­
librium constant. For example, if instead of 89 a value of 
93 1. mole-1 cm .-1 were used for az, as given by de Maine,27 
the results for K 2o-1 and a c, giving the 50% confidence 
interval,24 as determined by the method of least squares 
applied to equation 26 are 14.2 ±  1.7 X  10-3 mole l -1 and 
2200 ±  250 1. mole-1 cm .-1, respectively.28 The need for 
having an accurate determination for az would have been 
minimized if an iodine-solvent solution had been used for 
the blank.29

(26) N. W. Tideswell and J. D. McCullough, ibid., 79, 1031 (1957).
(27) P. A. D. de Maine, .7. Chem. l’ hys., 26, 1192 (1957).
(28) A comparably large dependence on az is observed also when 

the Rose-Drago3 technique is used.
(29) Sister M. Brandon O.P., M. Tamres and S. Searles, J. Am. 

Chem. Soc., 82, 2129 (1960).
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IV. Triethylamine-iodine.— Of the many iodine com­
plexes reported in the literature, the one formed with tri- 
ethylamine is the most stable.30 It is not surprising, there­
fore, that use of approximate equations might result in 
appreciable error in the equilibrium constant, which for this 
system was found to be approximately 10% by Drago 
and Rose.4 The point C in Fig. 1 was plotted using the 
Nagakura data30 at 25° of K 21 =  4.69 X  10-3 mole 1.% 
Cb =  3.90 X  10- 4 m olel-1, and Cz =  3.64 X 10-5 m olel.-1. 
It may be seen from the graph that an error of this magnitude 
is possible for and more important, that the direction 
for correcting the error can be predicted. Equations 23 
and 24 represent a lower and an upper limit to K ~ l/Cz. 
Thus substituting the Nagakura result for Kn into equation 
23 gives the value Kso =  5.66 X 103 1. mole-1. This checks 
quite favorably with the value determined directly by the 
application of equation 17 to the original data, the result 
from a least squares treatment being 5.76 X  10° 1. mole-1. 
Comparison is not strictly valid because in equation 17 
the role of the slope and intercept is interchanged from that 
of the Benesi-Hildebrand equation, which was the one em­
ployed by Nagakura. Different methods of plotting the 
same experimental data have been noted to give different 
results for the equilibrium constant.19 This is to be ex­
pected when a least squares treatment of data is employed, 
the differences being nil only when the experimental data 
all lie on an exact line, a point which has recently been 
mentioned.31 The prediction that IC¡g, as determined by 
using equation 22, should be larger than 4.69 X 103 1. 
mole-1 and smaller than 5.66 X  103 1. mole-1 is in accord 
with the result of 5.13 1. mole-1 reported by Drago and 
Rose.4

Only the constant at 25° could be re-evaluated by Drago 
and Rose because detailed experimental data were available 
at this temperature only.30 In the absence of other informa­
tion, a reasonable estimate may be made for the correction 
of K  at the other temperatures, thus permitting a re-evalua­
tion of AH and AS. It is clear that the correction -will 
increase with decreasing temperature, thereby increasing 
AH and AS.

It was mentioned that it is not possible to select a priori 
that particular value of 0 between 0 and 1 which will permit 
proper conversion of equation 24 to 22. Using the Nagakura 
data and choosing a value of 0 =  1/ s gives K is — 5.13 X 
104 1. mole-1, exactly that obtained by Drago and Rose.

(30) S. Nagakura, ibid., 80, 520 (1953).
(31) M. Tamres and Sister M. Brandon O.P., ibid., 82, 2134 (1960),

see Table I.

Assuming that this value for 0 is also applicable at the other 
temperatures,32 the K i2 column inTable I is readily obtained. 
The last column establishes the expected upper limit, 
i.c., for 0 =  1. At 40°, the percentage difference between 
the limits K 21 and K w has been reduced considerably, render­
ing less critical a proper selection for 0.

The data for the corrected log K  vs. l/T  lie on a straight 
line. A least squares treatment gives AH =  —12.9 keal. 
mole-1 and AS =  —26.3 e.u., which may be compared 
to the Nagakura values AH =  —12.0 keal. mole-1 and AS =  
-2 3 .5  e.u.
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T a b l e  I
E quilibrium  C onstant C orrections for the System  

T riethylam ine- I odine in  « -H eptane

i, °C.
K r .a 

X 13-' 
1. mole-1

An,
X 10-' 

!. mole“1

K  20,
X 10-' 

1. mole 1
20.5 6.32 7.14 8.21
25.0 4.69 5.13 5.66
30.0 3.31 3.52 3.76
40.0 1T4 1.80 1.86

“ Reference 30.
(32) For any given concentration of base to acid, the fraction of 

acid converted to complex w ill be greater at the lower temperature. 
B u t the /3 which is of concern here is the one value at each temperature 
which w ill satisfy equations 22, 23 and 24 simultaneously. In  the 
triethylamine-iodine study where a constant concentration of C z  
was used, and assuming only minor variation of C z w ith  temperature, 
the relation for which applies a t two temperatures T i and T 2 is

Q )ti _  r (î 2o/̂ 2t)T2~| r (ĵ 20 — -Ki9)ti~I
( /3 )t 2 L .(^ 2 oK 21) t J L ( ^ 2 0  “  -^ I9 )t 2_J

where the first and second terms in brackets tend to compensate. 
However, appreciable and even random variation of /3 w ith temperature 
may be found for a given set of experimental results, especially when 
there is greater scatter in the data.

THE DECARBOXYLATION OF OXAMIC ACID IN QUINOLINE AND IN
8-METHYLQUINOLINE

B y  L o u is  W a t t s  C l a r k

Department of Chemistry, Western Carolina College, Cullowhee, North Carolina
Received November 4, I960

Kinetic data are reported on the decarboxylation of oxamic acid in quinoline and in 8-methylquinoline. The parameters 
of the Eyring equation are evaluated and compared with those for oxalic acid, malonic acid and the trichloroacetate ion. 
The data support the transition-complex mechanism previously proposed for the reaction. An interesting parallel is pointed 
out between the decarboxylation of oxamic acid and the acid oxalate ion in 8-methylquinoline.

Kinetic studies on the decomposition of oxalic 
acid into carbon dioxide and formic acid have been 
made in the solvents dioxane,1 glycerol,2 dimethyl 
sulfoxide, triethyl phosphate, aniline, N-methyl- 
aniline, N,N-dimethylaniline, quinoline,3 6-methyl- 
quinoline and 8-methylquinoline.4 In weakly basic

(1) A. Dinglinger and E. Schober, Z. phyisk. Chem., A179, 401 
(1937).

(2) L. w. Clark, J. Am. Chem. Soc. 77, 6191 (1955).
(3) L. W. Clark, / .  Phys. Chem.. 61, 699 (1057).
(4) L. W. Clark, ibid., 62, 633 (1958).

solvents the rate-determining step of the reaction 
appears to be the formation of a transition complex, 
one of the carbonyl carbon atoms of the un-ionized 
diacid coordinating with an unshared pair of elec­
trons on the nucleophilic atom of the solvent mole­
cule.

The results of kinetic studies on the decomposi­
tion of oxamic acid into carbon dioxide and forma- 
mide in the solvents aniline and o-toluidine indi­
cated that, in this case also, the rate-determining
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step may be the formation of an intermediate com­
pound between solute and solvent.6 Since more 
information on this reaction was needed in order to 
more firmly establish the proposed mechanism 
further kinetic studies have been carried out in this 
Laboratory on the decarboxylation of oxamic acid 
in two additional polar solvents, quinoline and 8- 
methylquinoline. The results of this investigation 
are reported herein.

Experimental
Reagents.— (1) The oxamic acid used in this investigation 

was analytical reagent grade, 100.0% assay. See reference 
5 for analytical procedures. (2) The solvents were reagent 
grade chemicals. Each sample of each solvent, before^the 
beginning of each decarboxylation experiment, was distilled 
directly into the dried reaction flask at atmospheric pressure.

Apparatus and Technique.—The kinetic experiments were 
conducted in a constant temperature oil-bath by measuring 
the volume of C 02 evolved at constant pressure, as described 
in a previous paper.6 In each experiment a 0.1585-g. sample 
of oxamic acid (the amount required to produce 40.0 ml. of 
C 0 2 at STP on complete reaction) was introduced in the 
usual manner into the reaction flask containing a weighed 
sample of solvent saturated with dry C 02 gas.

Results
It was noted in the initial studies on the decar­

boxylation of oxamic acid in aniline and o-toluidine6 
that there was a tendency for the reverse reaction to 
take place, namely, formamide and carbon dioxide 
combining to give oxamic acid. In further studies 
of this phenomenon the following experiments were 
performed: (1) CO2 was bubbled into formamide— 
no reaction; (2) CO2 was bubbled into a mixture of 
formamide and aniline-oxamic acid was produced. 
Evidently aromatic amines act as a catalyst for the 
reaction, the nitrogen probably coordinating with 
the aldehydic hydrogen atom of the formamide 
facilitating C 02 fixation.

It was found in the initial studies that the reverse 
reaction could be largely circumvented by employ­
ing a relatively large volume of solvent and using a 
gentle stirring action. Also no appreciable dif­
ference in the specific reaction velocity constant at 
constant temperature was detected when the 
volume of solvent was varied between 50 and 135 g. 
Similar results were obtained in the present studies. 
No significant difference in the velocity constant 
was observed on carrying out the experiment in 
quinoline at 153.45°, using 50, 100 and 135 g. of 
solvent. In the experiments in quinoline and 8- 
methylquinoline there was a tendency for the re­
verse reaction to take place. However, on using 
large volumes of solvent (100-135 g.) and gentle 
stirring the forward reaction in most cases was 
found to go to 99% completion before oxamic acid 
crystals began to collect in the condenser.

The rate of decarboxylation of oxamic acid was 
measured in quinoline and in 8-methylquinoline 
over a range of about 20°. The plot of log(F«, 
— Ft) vs. t was linear over nearly the entire experi­
ment indicating that the reaction is first order. 
The average rate constants calculated in the usual 
manner from the slopes of the experimental loga­
rithmic plots are shown in Table I. The parameters 
of the Eyring equation, based upon the data in 
Table I, are shown in Table II, along with corre-

(5) L. W. Clark, J. Phys. Chern., 66, 180 (1961).
(6) L. W. Clark, ibid., 60, 1150 (1956).

sponding data for oxalic acid, malonic acid and the 
trichloroacetate ion.

T a b l e  I

A p p a r e n t  F ir s t - o r d e r  R a t e  C o n stan ts  f o r  t h e  D e ­
c a r b o x y l a t io n  o f  O x a m ic  A cid  in  Q u in o l in e  an d  in  8- 

M e t h y l q v in o l in e
Temp., No. of k X 10«, Av.

Solvent °C. cor. expta. sec.“1 dev.

Quinoline 137.62 2 1.33 ± 0 .0 1
144.77 2 3.65 ±  .01
153.45 3 12.08 ±  .01

8-Methylquinoline 127.73 2 1.27 ±  .01
135.13 2 2.92 ±  .02
145.74 3 9.21 ±  .02
148.62 3 12.53 ±  .02

T a b l e  I I
K in e t ic  D a t a  f o r  t h e  D e c a r b o x y l a t io n  o f  O x a m ic  
A cid , O x a l ic  A cid , M a lo n ic  A cid  an d  t h e  T r ic h l o r o ­
a c e t a t e  I o n  in  Q u in o l in e  an d  in  8 -M e t h y l q u in o l in e

Solvent ✓------Quinoline------
A S t .  A S * .

8-Methylquinoline 
A A S ^ ,

Reactant kcal. e.u. kcal. e.u.
Oxamic acid 47.0 + 3 7 .5 36.0 +  12.2
Oxalic acid3, * 38.9 + 1 5 .8 37.7 +  13.7
Malonic acid7 26.7 -  2.3 24.4 - 1 0 .5
Trichloroacetate ion8 24.0 -  2 .4 22.3 -  8 .4

Discussion of Results
In the decarboxylations of malonic acid9 and the 

trichloroactate ion,8 as well as oxalic acid,8 inter­
mediate compound formation between solute and 
solvent has been shown to take place. That the 
same is true for the oxamic acid reaction is clearly 
demonstrated by the data in Table II.

It will be observed in column I of Table II that, 
for the reaction in quinoline, the AH  *  of the reac­
tion decreases on passing from oxamic acid to oxalic 
acid, from oxalic acid to malonic acid, and from 
malonic acid to the trichloroacetate ion. This is the 
order that would be predicted on the basis of the 
principle that an increase in the attraction between 
two reactants lowers the activation energy of the 
reaction.10 The effective positive charge on the 
polarized carbonyl carbon atom of the reactant, in­
volved in coordination with the solvent, increases 
on passing from oxamic acid to oxalic acid (since the 
+ M  effect of the amide group is greater than that of 
the hydroxyl),11 from oxalic acid to malonic acid 
(since the methylene group tends to prevent the 
transmission of inductive effects between the two 
terminal carboxyl groups),12 and from malonic acid 
to the trichloroacetate ion (due to the strong 
negative inductive effects of the three a-halogen 
atoms).

It is well known that oxalic acid and malonic 
acid associate through hydrogen bonding to some 
extent, past the dimer stage, to form “ supermole-

(7) L. W. Clark, ibid., 62, 500 (1958).
(8) L. W. Clark, ibid., 63, 99 (1959).
(9) G. Fraenkel, R. Belford and P, E. Yankwich, J. Am. Chem. Soc.t 

76, 15 (1954).
(10) K. J. Laidler, “ Chemical Kinetics/’ McGraw-Hill Book Co., 

Inc., New York, N. Y., 1950, p. 138.
(11) A. E. Remick, “ Electronic Interpretations of Organic Chemis­

try /' John Wiley and Sons, Inc., New York, N. Y „  2nd Ed., 1949, p. 57.
(12) R. Q. Brewster, “ Organic Chemistry/’ 2nd. ed., Prentice-Hall, 

Inc., New York, N. Y., 1953, p. 581.
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cules”  composed of 3-4 single molecules each.13 
However, oxamic acid, being a very weak acid, and 
having only one carboxyl group, probably does not 
associate thus to any appreciable extent. Since 
there is very little difference in size between oxalic 
acid and oxamic acid the AS *  values for their reac­
tions in quinoline would be expected to be approxi­
mately equal, provided the transition complex in 
each case were composed of the same number of 
units. It is seen, however, in Table II, column II, 
that the AS* for the reaction in quinoline is con­
siderably greater for oxamic acid than it is for oxalic 
acid. We have here additional evidence for the in­
ference that a single molecule of oxamic acid is in­
volved in the formation of the transition complex, 
whereas, in the case of oxalic acid, a “ supermole­
cule”  cluster composed of 3-4 single molecules is 
involved.6

The methyl group in 8-methylquinoline has two 
effects: (1) a positive inductive effect which re­
leases electrons and increases the effective negative 
charge on the tertiary nitrogen atom, and (2) a 
steric effect which offers hindrance to the approach 
of an electrophilic agent to the nitrogen. If the 
rate-determining step of a reaction involves the 
coordination of an electrophilic agent with a nucleo­
philic agent, effect (1) will cause a decrease in the 
AH *  of the reaction, whereas effect (2) will cause a 
decrease in the AS* of the reaction on going from 
quinoline to 8-methyl-quinoline. It will be seen in 
Table II that, on passing from quinoline to 8- 
methylquinoline, a considerable decrease in both 
A if*  and AS* takes place for the decarboxyla­
tions of oxamic acid, malonic acid and the trichloro- 
acetate ion. These results strongly substantiate the 
proposed transition-complex mechanism for the 
decarboxylation of oxamic acid in polar solvents.

In the case of oxalic acid the decrease in AH *  and 
AS* is very slight in comparison with the behavior 
of the other three compounds. This anomaly has 
been explained as being the result of the circum­
stance that, in the reaction in quinoline, un-ionized 
oxalic acid is involved, whereas, in 8-methylquino- 
line, one of the acid hydrogens is ionized and the 
acid oxalate ion undergoes decarboxylation.4

If, in 8-methylquinoline, the acid oxalate ion
(13) W. HQckel, “ Theoretical Principles of Organic Chemistry,”  

Vol. II, Elsevier Publishing Co., New York, N. Y., 1958, p. 329 et seq.

suffers cleavage, it would be expected that the ion 
would form a transition complex with the solvent 
involving the un-ionized carboxyl group. Further­
more, having only one un-ionized carboxyl group, 
the ion would not be expected to form an associa­
tion cluster or “ supermolecule”  through hydrogen 
bonding. The second ionization constant of oxalic 
acid being much smaller than the first, the effective 
positive charge on the carbonyl carbon atom of the 
ion involved in coordination with the solvent would 
be smaller than in the case of the diacid, resulting in 
the reaction’s requiring a higher activation energy. 
A single molecule of oxamic acid will have approxi­
mately the same size as a single acid oxalate ion. 
Since oxygen is slightly smaller than nitrogen, the 
acid oxalate ion will be actually somewhat smaller 
than oxamic acid. This will mean that the AS* 
values of the two reactions should be approximately 
equal, being somewhat larger for the acid oxalate ion 
than for the un-ionized oxamic acid.

It will be seen in Table II, lines 1 and 2, columns 
3 and 4, that all these deductions are verified com­
pletely by the experimental data. The fact that 
the AH *  values of the two reactions are very nearly 
equal indicates that the two substances have very 
nearly the same acid strength, the oxamic acid being 
a slightly stronger acid than the acid oxalate ion.

On the basis of the results reported herein it ap­
pears highly probable that (1) oxamic acid forms a 
transition complex with nucleophilic solvents;
(2) the complex consists of one molecule of solvent 
plus one molecule of un-ionized oxamic acid; (3) 
coordination takes place between the polarized, 
electrophilic, carbonyl carbon atom of the un­
ionized oxamic acid and an unshared pair of elec­
trons on the nucleophilic atom of the solvent mole­
cule; (4) the acid oxalate ion, in 8-methylquinoline, 
behaves in a manner quite analogous to oxamic 
acid, and (5) oxalic acid and malonic acid, in weakly 
basic solvents, associate to form a cluster or 
“ supermolecule”  composed of 3-4 single molecules, 
one end of which coordinates with the nucleophilic 
agent.

Further work on this problem is contemplated.
Acknowledgment.— The support of this research 
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ACTIVITY COEFFICIENTS OF SODIUM CHLORIDE AND POTASSIUM 
CHLORIDE IN MIXED AQUEOUS SOLUTIONS AT 25°

B y  R . A. R o b in so n
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Received November 10, 1960

Isopiestio vapor pressure measurements have been made at 25° of solutions of sodium chloride and potassium chloride 
mixtures. The activity coefficients of both components have been evaluated by the method of McKay and Perring. The 
logarithm of the activity coefficient of potassium chloride varies linearly with the sodium chloride concentration in solutions 
of constant total molality but there is a small departure from linearity for the logarithm of the activity coefficient of sodium 
chloride.

Symbols
7b =  activity coefficient of electrolyte B in a soln. of total 

molality m, of which tob =  xm is electrolyte B 
and me =  (1 — x)m  is electrolyte C 

7 b ° =  activity coefficient of electrolyte B in a soln. con­
taining B only at the same molality m 

Fb =  activity coefficient of electrolyte B in a soln. con­
taining B only at a molality M ', with the same 
solvent vapor pressure as the mixed solution of 
total molality m

7C =  activity coefficient of electrolyte C in the mixed 
soln. of total molality m

7o° =  activity coefficient of electrolyte C in a soln. con­
taining C only at the same molality m 

Tc =  activity coefficient of electrolyte C in a soln. con­
taining C only at a molality M, with the same 
solvent vapor pressure as the mixed soln. of total 
molality m

R =  isopiestic ratio, M/m
<P =  osmotic coefficient
a®, etc, /3b, 0c =  parameters of eq. 1 and 2 
aw =  water activity of a soln. of both electrolytes at a 

total molality m
o w (C )  =  water activity of a soln. of electrolyte C alone at a 

molality m
In this work, B =  potassium chloride and C =  sodium chlo­

ride

If, for a series of mixed aqueous solutions of two 
1:1 electrolytes, at constant total molality, the 
activity coefficient of one is given by

log 7B =  log 7B° — craTOc — iSbTOc2 (1)
and the activity coefficient of the other by

log ye =  log ye0 — acrriB — 0cm2B (2)
then1'2
— 55.51 /(xm2) log aw/awera =  4/3 x 2m(0c — 0b) +

x[{aB +  ac) — 2m(0c — (3b)] — 2ac (3)
and if /3b =  /3c (not necessarily /3b =  /?c =  0) 

— 55.51/0?»2) log aw/owto =  x(as — ac) — 2ac (4)

i.e., at constant total molality, log aw is quadratic 
in x and1 from isopiestic vapor pressure measure­
ments as and ac can be evaluated. Owen and 
Cooke3 were the first to use the method for lithium 
chloride-potassium chloride mixtures and later 
Robinson and Lim4 made measurements on sodium 
chloride-potassium chloride mixtures. The de­
fect of this method is that it is difficult to make 
isopiestic measurements on a series of a solutions of 
exactly the same total molality and recourse has

(1) H. S. Hamed and B. B. Owen, “ The Physical Chemistry of 
Electrolytic Solutions,”  Third Edition, Reinhold Publ. Corp., New 
York, N. Y., 1958, Chap. 14.

(2) R. A. Robinson and R. H. Stokes, “ Electrolyte Solutions,” 
Butterworths Scientific Publications, London, 1959, Chap. 15.

(3) B. B. Owen and T. F, Cooke, J. Am. Chem. Soc., 59, 2273 (1937).
(4) Reported in “ Electrochemical Constants,”  NBS Circular 

6 2 4 ,  1 7 1  ( 1 9 5 3 ) .

often to be made to some form of graphical in­
terpolation. McKay and Perring5 proposed an­
other relationship (equation 5) which is more suited 
to isopiestic measurements; this has been used6 
for potassium chloride-potassium bromide mix­
tures and Robinson7 has recalculated his earlier 
data on sodium chloride-potassium chloride mix­
tures to test the method. This, however, involved 
considerable interpolation of data and it was 
thought worthwhile making a new set of very 
careful measurements to which the equation of 
McKay and Perring could be applied directly.

Their equation can be written
In 70 =  In Tc H-  In R  -f-

[-L  ( A r Y  +  I L z d l  d (Mrf (5)
J o  \_ni2\dlnx/Afi> M  J

In the event that, for any set of solutions of the 
same vapor pressure, R can be expressed as

R =  1 — ax — bx2 (6)

where a and b are functions of m but not of x, the 
integral in (5) takes the simple form

f  *Mtp i* Mtp hJo = x 2 J o  M d < M * >  (7)
If b/M can be expressed as a function of (Mtp) 

-b / M  =  j  +  2k(Mip) +  3 l(M v y  (8)
then

-  f * *  =  +  k(Mtp) +  1{ M <pY ]  (9)

The experimental measurements reported in 
this paper relate to the isopiestic ratio, R — M/m, 
i.e., the molality of a solution of sodium chloride 
alone of molality M  and of a mixed solution of total 
molality m, each having the same solvent vapor 
pressure, are measured directly. The desiccator 
in which the measurements were made contained 
up to thirteen dishes, three of which were used to 
give triplicate measurements of the concentration 
of the sodium chloride solution and the remainder 
were used for duplicate measurements of the con­
centrations of mixtures. No result was accepted 
unless duplicates agreed within 0.05% in the iso­
piestic ratio or the mean deviation of the tripli­
cates was 0.03% or less. In general the agreement 
was much better than this: over about one hun-

(5) H. A. C. McKay and J. K. Perring, Trans. Faraday S o c .,  49, 
163 (1953).

(6) H. W. McCoy and W. E. Wallace, J. Am. Chem. Soc., 78, 1830 
(1956).

(7) Ri Ai Robinson, Trans. Faraday Soc,, 49, 1411 (1953).
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Table I
I s o p i e s t i c  M e a s u r e m e n t s  w i t h  R e f e r e n c e  S o l u t i o n s  o f  S o d i u m  C h l o r i d e  A p p r o x i m a t e l y  4  M

M X me MB (lilB 4- me) R R (cor.) R (ealed.) % A
3.9371 0.6359 1.5675 2.7382 4.3057 0.9144 0.9139 0.9138 — 0.01

.9307 0.3079 4.1354 4.4433 .8861 .8854 .8851 — .03
3.9684 .0892 3.6659 0.3591 4.0250 .9859 .9859 .9859 0

.3907 2.5628 1.6436 4.2064 .9434 .9434 .9432 -0 .0 2

.8320 0.7455 3.6918 4.4373 .8943 .8943 .8939 -  .04
1.0 4.5111 4.5111 .8797 .8797 .8793 -  .04

4.0043 0.1480 3.4918 0.6066 4.0984 .9770 .9771 .9770 -  .01
.2467 3.1340 1.0264 4.1604 .9625 .9627 .9627 0
.4964 2.1700 2.1391 4.3091 .9293 .9297 .9300 + 0 .03
.7563 1.0843 3.3652 4.4495 .8999 .9005 .9012 +  .07
.8695 0.5875 3.9149 4.5024 .8894 .8901 .8904 +  .03

dred duplicates (or triplicates) the average de­
viation from the mean was 0.016%.

Some results are quoted in Table I to demon­
strate that equation 6 is applicable. Eleven 
mixed solutions were measured, using three 
reference solutions close to 4 M  in concentra­
tion. Figure 1 shows the change in the isopiestic 
ratio with x at this and some other concentra­
tions of the reference solution; from this graph 
there can be read off the small correction neces­
sary to give the isopiestic ratios of the eleven ^ 
solutions in equilibrium with exactly 4 M  
NaCl. These are given as R(cor.) in Table I; 
the next column gives calculated values of the 
isopiestic ratio using equation 6 with a =  0.1613 
and b =  —0.0406; thefinal column gives the 
difference between R(cor.) and ¿¿(calcd.); the 
mean difference is 0.03%.

Table II gives the parameters of equation 
6 calculated in this way for eleven reference 
solutions; the last column is again the differ­
ence between f2(cor.) and I2(calcd.), the over­
all mean difference being 0.03%. These param­
eters are plotted in Figs. 2 and 3, against M  
in the first case and against (M<p) in the second.
The b/M points plotted against (M<p) lie close to a 
smooth curve except for the points corresponding to 
the two lower concentrations: the isopiestic ratio is 
so close to unity at these concentrations that a 
range of values of the parameters of equation 6 
can be used with almost equal success. The 
curve show in Fig. 3 is the one which best fits 
all the points: it is the curve of equation 8 with 
j  =  0.01658, k =  -0.00072 and l =  0.000009. 
If the two points at the lower concentrations are 
neglected, the best values of the parameters are

T a b l e  I I

M
P a r a m e t e r s  o p  E q u a t i o n  6

a — b —bJM % A

0 . 5 0 . 0 3 0 4 0 . 0 0 6 7 0 . 0 1 3 5 0 . 0 3

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

1 . 6 . 0 8 0 6 . 0 2 3 0 . 0 1 4 4 . 0 2

2 . 3 2 5 . 1 1 1 1 . 0 3 3 2 . 0 1 4 3 . 0 2

3 . 3 4 8 . 1 4 2 7 . 0 3 7 7 . 0 1 1 3 . 0 2

4 . 0 . 1 6 1 3 . 0 4 0 6 . 0 1 0 2 . 0 3

4 . 4 4 6 . 1 7 7 2 . 0 4 5 6 . 0 1 0 2 . 0 4

4 . 7 . 1 8 0 3 . 0 4 1 2 . 0 0 8 8 . 0 2

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

5 . 7 . 2 1 0 8 . 0 4 8 5 . 0 0 8 5 . 0 2

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

x.
Fig. 1.— Isopiestic ratios as a function of x.

M .
Fig. 2.— The a parameter of equation 6.

very different, j  =  0.01778, k =  —0.00105, l = 
0.000033; nevertheless, the integral of equation 5, 
which is the area under the curve of Fig. 3, is almost 
the same. Thus at (M<p) =  7, about the highest 
value reached in this work, and x =  0.4, the in­
tegral contributes 0.0058 to log 7c by the first 
set of parameters and 0.0059 by the second set.
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T a b l e  III
C a lc u l a tio n  o f  « b  an d  a c  a t  M

m

3.9371

3.9684

4.0043

0.6359
.9307
.0892
.3907
.8320
.1480
.2467
.4964
.7563
.8695

R
0.9144

.8861

.9859

.9434

.8943

.9770

.9625

.9293

.8999

.8894

Mv
4.375

4.419

4.469

—log rc 
0.1088

.1075

.1059

—log R
0.0389

.0525

.0062

.0253

.0485

.0101

.0166

.0318

.0458

.0509

S
0.0104

.0223

.0002

.0040

.0180

.0006

.0016

.0065

.0150

.0199

— log yC
0.1581

.1836

.1139

.1368

.1740

.1166

.1241

.1442

.1667

.1767

— log 7C°
0.0922

.0857

.1050

.0968

.0860

.1017

.0989

.0920

.0854

.0829
Mean

0.0241
.0237
.0248
.0243
.0238
.0246
.0246
.0244
.0242
.0240
.0243

0.0092
.0088
.0089
.0092
.0095
.0090
.0091
.0092
.0089
.0092
.0091

aB 4" aC
0.0149

.0149

.0159

.0151

.0143

.0156

.0155

.0152

.0153

.0148

.0152

M  >p.
Fig. 3.— The 6 parameter of equation 6.

With x =  1, (M<p)^5 was the highest value that 
could be reached (limited by the solubility of potas­
sium chloride); the first set of parameters gave 
0.0287 as the contribution to log yc, the second 
set 0.0291. Thus the integral can be calculated 
with confidence for different values of M  and x. 
Table III illustrates how the « b and ac coefficients 
of equations 1 and 2 are evaluated. The first 
three columns reproduce the experimental data in 
Table I; the fourth column gives the (M<p) data 
needed to evaluate the integral; the next three 
columns give the three terms on the right of equa­
tion 5, those in the seventh column being 0.4343 
times the integral of equation 5. The next two 
columns give the value of yc in the mixed solution 
at a total molality m =  M/R and of yc° the value at 
the same molality, m, but in the absence of potas­
sium chloride. Tc, yc and yc° were interpolated 
from tables.8 The coefficient ac is now calculated 
as (1 /m s) log yc/yc° where ms =  xM/R. 

Corresponding to equation 5 we can write
In 7b =  In Tb +  In R ' -f-

T 1 / ____ dm____\ . R ' — n  , . . .  ,
Jo |_m* l d l n ( l - * ) J M, +  M' J ^

where M ' is the molality of a potassium chloride 
solution of the same vapor pressure as a sodium 
chloride solution of molality M  and R' — M'/m. 
The integral is now

( 1 - æ)2J o  M m

Corresponding to any M , M ’ is known9 so that ys
(8) Ref. 2, p. 476.
(9) R. A. Robinson, Trans. Roy. Soc. (New Zealand), 75, 203 

(1945).

and hence as can be calculated, ob and (aB +  
ac) are recorded in the last two columns of Table
III. It will be noted that the ac values show 
a degree of constancy; the variation is between 
0.0237 and 0.0248 with a mean of 0.0243; the as 
values show less variation between 0.0088 and 
0.0095; whether these variations are significant 
is a matter that will be discussed later.

The experimental results are collected in Table
IV, grouped in eleven series, the M  value being

T a b l e  IV
C a lc u l a t io n  o f  « b an d  a c  C o e f f ic ie n t s

M X R ac — aB («B +  ac)
Series 1

0.49990 0.3404 0.9902 0.0256 0.0126 0.0130
.5054 .9864 .0246 .0136 .0110
.6679 .9832 .0247 .0142 .0105

.50118 .2527 .9923 .0266 .0119 .0147
.4049 .9889 .0244 .0126 .0118
.6083 .9839 .0252 .0175 .0077
.7497 .9809 .0256 .0125 .0131

.51960 .1722 .9950 .0245 .0125 .0120
.4330 .9881 .0242 .0128 .0114
.5563 .9851 .0252 .0137 .0115
.8362 .9789 .0248 .0138 .0110

Mean .0250 .0134 .0116

Series 2
1.0166 0.2280 0.9877 0.0239 0.0097 0.0142

.4579 .9775 .0233 .0099 .0134

.7355 .9672 .0230 .0101 .0129
1.0176 .6770 .9691 .0229 .0103 .0126

.8787 .9617 .0233 .0078 .0155
1.0426 .2218 .9871 .0248 .0092 .0156
1.0493 .4061 .9783 .0239 .0093 .0146

.4817 .9763 .0228 .0101 .0127

.5925 .9713 .0230 .0100 .0130

.7818 .9643 .0232 .0093 .0139
Mean .0234 .0096 .0138

Series 3
1.5001 0.2322 0.9833 0.0233 0.0086 0.0147

.3225 .9776 .0226 .0086 .0140

.6400 .9600 .0222 .0090 .0132

.7573 .9544 .0226 .0087 .0139
1.6223 .0920 .9926 .0224 .0087 .0137

.5100 .9642 .0222 .0089 .0133

.8841 .9461 .0223 .0087 .0136
Mean .0225 .0087 .0138
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Series 4
2.3248 0.2060 0.9785 0.0233 0.0084 0.0149

.4010 .9610 .0230 .0084 .0146

.5797 .9465 .0229 .0081 .0148

.7739 .9337 .0225 .0076 .0149
Mean .0229 .0081 .0148

Series 5
3.3109 0.0892 0.9878 0.0237 0.0085 0.0152

.3907 .9506 .0236 .0088 .0148

.8320 .9083 .0232 .0090 .0142
3.3188 .2367 .9680 .0242 .0086 .0156

.4366 .9453 .0237 .0088 .0149

.8181 .9092 .0232 .0090 .0142
3.3477 .2835 .9627 .0238 .0088 .0150

.5384 .9337 .0233 .0088 .0145

.8559 .9052 .0239 .0084 .0155
Mean .0236 .0087 .0149

Series 6 (See Table III)
^ 4 Mean 0.0243 0.0091 0.0152

Series 7
4.4461 0.1716 0.9708 0.0257 0.0091 0.0168

.3598 .9426 .0251 .0094 .0157

.5567 .9157 .0249 .0095 .0154

.6496 .9036 .0248 .0092 .0156
Mean .0251 .0093 .0156

Series 8
4.6857 0.1194 0.9785 0.0259 0.0092 0.0167

.2161 .9629 .0253 .0093 .0160

.3231 .9459 .0254 .0095 .0159

.4257 .9308 .0252 .0096 .0156
4.7635 .0892 .9845 .0248 .0093 .0155

.2643 .9550 .0253 .0095 .0158

.4580 .9254 .0252 .0097 .0155

.7481 .8874 .0249 .0098 .0151
Mean .0253 .0095 .0158

Series 9
5.1309 0.1945 0.9631 0.0267

.2950 .9460 .0263

.3938 .9298 .0262
5.1572 .0991 .9816 .0258

.3558 .9365 .0260

.4489 .9217 .0259

.5314 .9094 .0257
Mean .0261

Series 10
5.6970 0.1194 0.9754 0.0272

.2161 .9565 .0270

.3231 .9372 .0267

.4257 .9194 .0265
5.7722 .0580 .9879 .0270

.0739 .9848 .0271

.1628 .9668 .0271

.2645 .9472 .0269
Mean .0269

Series 11
5.9941 0.0920 0.9805 0.0272

.1945 .9592 .0274

.2950 .9389 .0275

.3938 .9213 .0274
6.0839 .1945 .9583 .0278

.2950 .9385 .0275

.3938 .9206 .0271
Mean .0274

Fig. 4.— «B, ac and ( oib +  ac) t)s. M.

Fig. 5.—Variation of ac with x. The points on the upper 
line correspond to the condition of nearly constant total 
molality. A small correction to a constant total molality of 
4.25 gives the points on the lower line (the points are plotted 
lower by 0.001 in ac). From the lower line ac =  0.0253 at 
x  =  0 and /3c =  —0.0004.

a  a •
®

____ a
•  *  *

n  o O 0 o

®

o
•

- 0 °
o O

0 0.2 0.4 0.6 0.8 1
x.

Fig. 6.— Variation of ar> with x. The points on the upper 
curve correspond to the condition of nearly constant total 
molality. A small correction to a constant total molality 
of 4.25 gives the points on the lower line (the points are 
plotted lower by 0.001 in - ob).

nearly the same for all results quoted in any one 
series. The corresponding values of an, ac and 
(an +  ac) have been calculated by the method 
described above and are recorded. In each series, 
the as and ac coefficients show a considerable 
measure of constancy; they should be constant, 
within the limits of experimental accuracy, if 
equations 1 and 2 hold with /3b =  j3c =  0. There is, 
however, no reason why <*b and ac should not 
vary with M  and Fig. 4 shows that there is a
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0 0.2 0.4 0.6 0.8
x.

Fig. 7a.—Variation of ac with x at constant total molality.
Molality =  4.5 aC =  0.0255 /3c = -0 .0 0 0 4

4.7 .0254 -0 .0 0 0 4
5.2 .0265 -0 .0 0 0 6
5.7 .0271 -0 .0 0 0 5
6 .0275 -0 .0 0 0 4

small change in both as and ac with M. The
an and ac values calculated from the data a t t f ~  
0.5 do not have high accuracy but it is believed that 
they are accurate enough to confirm that the up­
ward trend between M  =  1.5 and M  =  1.0 is 
enhanced in more dilute solutions. It is not un­
common for these a coefficients to be approximately 
constant in moderately concentrated solutions and 
exhibit considerable change in more dilute solu­
tions, e.g., the system: hydrochloric acid-cesium 
chloride.10 What, however, is of more interest is 
the change, if any, of (« b +  ac) with concentra­
tion. Figure 4 shows that there is a small change: 
it is not believed that experimental error could 
explain even the small change to be noted in Fig. 4 
and this change must be accepted as real. Again 
not much significance is to be given to the point at 
M  ~  0.5; if it is accepted, the slope of the line is 
0.00078; if it is rejected the slope will be slightly 
less. It can be shown11 as a necessary consequence 
of equations 1 and 2 that

(<*b +  ac) =  constant — 2m (/3B +  /3c) (10)
Thus the slope of (« b +  ac) vs. M  in Fig. 4 is 
— 2(/3B +  Pc) so that (/3b +  Pc) =  —0.0004.

UO) Ref. 1, Fig. (14-6-2), p. 610.
(11) Ref. 2, p. 441; see also E. Glueckauf, H. A. C. McKay and 

A. R. Mathieson, J. Chen. Soc,, S299 (1949).

X.
Fig. 7b.—Variation of no with x at constant total molality.

Molality =  1.6 ac =  0.0228 /3c =  —0.0005
2.4  .0236 -0 .0 0 0 6
3.4  .0239 -0 .0 0 0 3

Fig. 8.—Variation of 7NaCl and 7KCI with composition 
of the mixture at constant total moiality of 4. The upper 
curve for 7NaCl assumes /3c =  0, the broken curve, /3c =  
-0.0005.

(To conform with equation 10, (as +  ac) should be 
plotted against m and not against M  but the dif­
ference is insignificant). If /3b =  0, then /3c = 
0.0004 and such a term is by no means negligible; 
it would contribute 0.0064 to log 7c for sodium 
chloride present in vanishingly small quantity 
in 4 M  potassium chloride solution.

It is possible that either /3b or Pc is zero but both 
cannot be zero. There is therefore something 
wrong with any assumption that the as and ac 
values in any one series in Table IV are really con­
stant. The results must therefore be examined in 
more detail. The upper curve of Fig. 5 shows the 
results at M  ~  4 in the form of a plot of ac against 
x; it can now be seen that the variation of ac 
between 0.0237 and 0.024g, although small, is 
systematic, i.e., there is a uniform downward 
trend with increasing x. There is no such trend 
with the aB data (Fig. 6). The slope of the line 
in Fig. 5 is — 0.0012 whence/?c =  —0.0003 whereas 
from Fig. 6, /3b  =  0.
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It can be said that it is erroneous to plot the 
points in this way, for each ac value in Table III 
corresponds not to a solution of constant total 
molality but to a solution whose total molality varies 
(see Table I) between 4.02 and 4.51 M. This is 
true but, as Fig. 4 shows, the variation of ac with 
total molality is small and can be allowed for. At 
M  =  4, ac is increasing by 0.0015 for unit change in
M. It is possible, therefore, to make a small cor­
rection to the ten values of ac in Table III to give 
data corresponding to a constant total molality 
equal to the mean of the extremes, 4.25 M. The 
corrected values are plotted as the lower curve of 
Fig. 5; there is less scatter of the points but still 
a definite downward trend with slope —0.0019, 
giving dc =  —0.0004.

A similar correction applied to the ae data (lower 
curve of Fig. 6) does not alter the constancy of ae 
with changing x.

The downward trend of the ac points in Fig. 5 
with changing a; at a constant total molality of
4.25 leading to /3c =  —0.0004 is therefore fully 
consistent with the conclusion drawn from the 
variation of (aB +  ac) with changing M  (Fig. 4) 
that (/3b +  /3c) =  -0.0004.

The data at M  ~  4 have been used because they 
are the most complete and reliable. At higher 
values of M, the limited solubility of potassium 
chloride restricts the range of x in wdiich measure­
ments can be made. At lower values of M, the 
effect of experimental error is enhanced. Never­

theless, by plotting ac against x (Fig. 7) the same 
downward trend with increasing x is observed in 
all cases, dc is certainly independent of m within 
limits of experimental error and the assumption 
of an average value of dc = —0.0005 is sufficient 
to bring consistency into all the measurements made 
in this work.

T a b l e  Y
S m oothed  V a l u e s  o f  q:b an d  a c  

m  0 .5 1.0 2 .0 3 4 5 6
—  aB (0.013) 0.0095 C.0084 0.0084 0.0090 0.0098 -
ac (0.025) 0.0235 0.0230 0.0235 0.0246 0.0260 0.0275

0B —  0, /3c —  — 0.0005

Table V gives smoothed value of as and ac 
at round values of the total molality. Finally, 
Fig. 8 shows how -ye and yc vary with composition 
of the mixture at a constant total molality of 4. 
With dB — 0, log ob is linear in x, increasing from
— 0.2390 when x =  1 to —0.2030 at the limit when 
x =  0. If the dc term is neglected, log yc de­
creases linearly from —0.1061 when x =  0 to
— 0.2045 at i  =  1; the introduction of the dc 
term causes a slight downward curvature shown 
by the broken curve in Fig. 8, leading to a limiting 
value of —0.2125 at x =  1. It should be noted 
that these limiting values of log yB when x =  0 
and of log yc when x =  1 are almost but not exactly 
the same and are much closer to log ys when x =  
1 than they are to log yc when x =  0, in other words, 
on mixing both electrolytes tend to behave more 
like potassium chloride than sodium chloride.

DISSOCIATION CONSTANT OF THE PROTONATED ACID FORM OF 2- 
AMINO-2-(HYDROXYMETHYL) -1,3-PROPANEDIOL [ TRIS-

HYDROXYMETHYL) -AMINOMETHANE] AND RELATED 
THERMODYNAMIC QUANTITIES FROM 0 TO 50°

B y  R o g e r  G. B a t e s  a n d  H a n n a h  B. H e t ze r

Division of Chemistry, National Bureau of Standards, Washington 25, D. C.
Received November 17, 1960

The thermodynamic dissociation constant (.Kbh) of the protonated form (BH +) of 2-amino-2-(hydroxymethyl)-l,3 
propanediol (tris-(hydroxymethyl)-aminomethane) has been determined at 11 temperatures from 0 to 50° by measurement 
of the electromotive force of hydrogen-silver chloride cells without liquid junction. The results are given by the equation 
— log Kbh =  2981.4/T — 3.5888 +  0.005571T, where T is in °K. The changes of free energy, enthalpy, entropy and heat 
capacity were computed for the dissociation of the cation acid BH + in the standard state, as well as for the basic dissociation, 
B +  H.O =  B H + +  O H “ . For the acidic dissociation at 25°, AG° is 46,075 j. mole- -, AH° is 47,600 j. mole-1, AS° =  5.1 
j. deg.-1 mole-1, and ACp° is —64 j. deg.-1 mole-1. The entropy changes for the isoelectric dissociation of cation acids 
(BH +) appear to indicate restrictive orientation of solvent molecules about the ions and the attendant hindrance of free 
rotation about carbon-carbon bonds. This simple picture is, however, unable to account satisfactorily for the observed 
changes in heat capacity.

Introduction
Tris-(hydroxymethyl)-aminomethane, or 2- 

amino-2-(hydroxymethyl)-l,3-propanediol, is a 
solid, water-soluble organic base of considerable 
interest both as an acidimetric standard1-3 and 
as a biological buffer.4-6 For brevity, it is known

(1) J. H. Fossum, P. C. Markunas and J. A. Riddick, Anal. Chem.,
23, 491 (1951).

(2) T. H. Whitehead, J. Chem. Educ., 36, 297 (1959).
(3) A. C. Holler, Anal. Chem., 28, 1359 (1956).

variously as “ tris”  and “ T.H.A.M.”  Fossum, 
Markunas and Riddick1 found it to be easily puri­
fied, stable and suitable for standardizing aqueous 
solutions of strong acids. The hygroscopicity of

(4) G. Gomori, Proc. Soc. Exptl. Biol. Med., 62, 33 (1946).
(5) H. Stormorken and T. F. Newcomb, Scand. J. Clin, and Lab. 

Invest., 8, 237 (1956).
(6) G. G. Nahas and H. Rosen, Federation Proc., 18, 111 (1959); 

L. B. Berman, T. F. O’Connor, G. G. Nahas and P. C. Luchsinger,
Physiologist, 2, 10 (1959).
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the base is comparable to that of potassium hydro­
gen phthalate. Furthermore, aqueous solutions 
of the free base are not strongly alkaline and dis­
play no pronounced tendency to absorb atmospheric 
carbon dioxide.1'2

The negative logarithm of the basic dissociation 
constant of tris is found by measurements of pH7 
and e.m.f.8 to be approximately 5.9 at 25°. The 
base is thus about one-sixteenth as strong as am­
monia. It is sufficiently strong, however, that the 
neutralization curve obtained by titrating the base 
with a strong acid shows a sharp break at the equiv­
alence point, namely at pH 4.7 for a 0.05 M  solu­
tion.1-2 Buffer solutions formed by adding 5.7 to
47.7 ml. of 0.1 M  hydrochloric acid to 50 ml. of 
a 0.1 M  solution of the base, with dilution to a total 
volume of 100 ml., cover9 the pH range 7.00 to
9.00 at 25°. Both a primary acidimetric standard 
grade and a buffer grade of the free base are now 
available from several commercial sources.

Tris has been used to a considerable extent as a 
buffer in biochemical experiments,4-6 its relatively 
non-toxic character even permitting its use in 
vivo.* In studies of the heats of certain biological 
reactions in buffered media, the heat of ionization 
of the buffer acid must be known. 10-n It was there­
fore considered desirable to extend the measure­
ments of the dissociation constant at 20, 25 and 
30° (made previously in this Laboratory8) to cover 
the temperature range 0 to 50°, in order to permit 
the changes in heat content, entropy and heat 
capacity accompanying the dissociation to be com­
puted.

Method
The dissociation constant was determined by 

the measurement of the e.m.f. of hydrogen-silver 
chloride cells without liquid junction. The method 
used was essentially that of Harned and Ehlers,12 
and the procedures were the same in nearly all 
respects as those used extensively in the study of 
other bases in this Laboratory (see, for example, 
references 13-15). The cell is represented as 
Pt; Hj(g., 1 atm.), (CH2OH)íCNHíC1(to1),

(CH2OH)aCNH2(r«2 ), AgCl; Ag
where m is molality.

The cell solutions contained tris and its hydro­
chloride in approximately equal molal amounts. 
The e.m.f. data yield directly the equilibrium con­
stant for the dissociation process

BH+ -f- H20 B +  H»0+ (1)

or, since the activity of water is taken as unity in 
the infinitely dilute solution

(7) S. Glaastone and A. E. Schram, J. Am. Chem. Soc., 69, 1213
(1947).

(8) R. G. Bates and G. D. Pinching, J. Research Natl. Bur. Stand­
ards, 43 , 519 (1949).

(9) R. G. Bates and V. E. Bower, Anal. Chem., 28, 1322 (1956).
(10) J. M. Sturtevant, J. Am. Chem. Soc., 77, 1495 (1955).
(11) R. J. Podolsky and M. F. Morales, J. Biol. Chem., 218, 945 

(1956).
(12) H. S. Harned and R. W. Ehlers, J. Am. Chem. Soc., 54, 1350 

(1932).
(13) R. G. Bates and G. D. Pinching, J. Research Nail. Bur. Stand­

ards, 42, 419 (1949).
(14) R. G. Bates and V. E. Bower, ibid., 57, 153 (1956).
(15) R. G. Bates and H, B. Hetzer, ibid., 4A, 427 (1960).

B H + ± ^ I B  +  H + (la )

where B represents the base and B H + is its con­
jugate acid. The constant for the equilibria 1 
and la (the acidic dissociation constant of BH+) 
is given the symbol K b h -

Tris reacts with silver ion to a sufficient extent 
to permit the base to be used as a complexing agent 
in the titration, with silver nitrate, of sulfhydryl 
groups in proteins.16 Nevertheless, this reaction 
is not so extensive as to prohibit the use of the sil­
ver-silver chloride electrode in solutions of the 
concentrations employed here8 or to require the 
application of corrections for a change in chloride 
molality. The equilibrium constant, K i ,  for the 
formation of the diammine-silver complex, namely 
the process

A g+ +  2B AgB2+

was found8 to be 2.7 X  106 (log K t  — 6.43) if the 
solubility product constant ( K sp) of silver chloride 
at 25° is taken17 to be 1.78 X 10~10. Benesch 
and Benesch16 found log Kt to be 6.56 at 23° on 
the assumption that the formation of the diammine 
complex occurs in two steps.18

Combination of the e.m.f. equations with the 
mass-law expression for equation la  and with the 
two-parameter form of the Debye-Huckel equation 
gives
—log Kbh' =  —log Kbh — Pm, =

E  -  E °  , _ , 2 A V r r h

2.3026RT/F +  2 og " h ° S i  +  Ba*y/m, 2

In equation 2, E  is the e.m.f. corrected as usual to 
a partial pressure of 1 atm. of dry hydrogen, E° 
is the standard potential of the cell,19 A and B are 
constants of the Debye-Huckel theory,20 and a* 
and <3 are adjustable parameters, the first being 
the “ ion-size parameter.”

Experimental
Hydrochloric acid of reagent grade was diluted to a con­

centration approximately 6 M  and distilled twice, the middle 
third being collected each time. A stock solution, approxi­
mately 0.1 M , was prepared from the redistilled acid and was 
standardized by a gravimetric determination of chloride as 
silver chloride. The average difference among replicate 
determinations was ±0 .0 3% .

Tris-( hydroxymethyl )-aminomethane of primary acidi- 
metric-standard grade assayed 99.9 ±  0.1%  when titrated 
under carbon dioxide-free conditions with the standard 
solution of hydrochloric acid. The end-point (pH 4.7) 
was detected by a pH measurement with the glass electrode. 
The base was powdered and stored in a desiccator over 
Drierite for at least 12 hours before use. The melting point 
was 171° when the heating rate was slightly less than 2 deg./ 
min.

Three stock solutions containing approximately equi- 
molal concentrations of the amine and its hydrochloride 
were prepared by mixing accurately-weighed portions of the 
base, of the standard hydrochloric acid, and, for one stock 
solution only, of carbon dioxide-free water. Each of the stock 16 17 18 19 20

(16) R. E. Benesch and R. Benesch, J. Am. Chem. Soc., 7 7 , 2749 
(1955); R. E. Benesch, H. A. Lardy and R. Benesch, J. Biol. Chem., 
216, 663 (1955).

(17) B. B. Owen and S. R. Brinkley, Jr., J. Am. Chem. Soc., 60, 
2233 (1938).

(18) J. Bjerrum, “ Metal Ammine Formation in Aqueous Solutions,”  
P. Haase and Son, Copenhagen, 1941.

(19) R. G. Bates and V. E. Bower, J. Research Natl. Bur. Standards, 
53, 283 (1954).

(20) R. A. Robinson and R. H. Stokes, “ Electrolyte Solutions,”  
2nd Ed., appendix 7.1, Aoademic Press, Inc., New York, N. Y., 1959.
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T able I
E le c tr o m o tiv e  F o rce  o f  th e  C e l l  Pt; H 2( g . 1 a t m .), (CH2OH)sCNH3Cl(m1) (CH2OH)3CNH2(ot2), AgCl; Ag, from

0 to  50° ( in  V.)
m i m j 0 ° 5 ° 1 0 ° 1 5 °

OO<N 2 5 ° 3 0 ° 3 5 °

oOT

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

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

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

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

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

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

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

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

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

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

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

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

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

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

solutions was diluted by weight with distilled water to pre­
pare five cell solutions. Hydrogen was bubbled through 
each solution to remove dissolved air. The cells were 
filled as usual, air being excluded. The preparation 
of the electrodes has been described elsewhere.21

The initial measurements were made at 25°. After the 
equilibrium values of the cells had been recorded, the tem­
perature of the bath was lowered overnight to near 0°, 
and measurements from 0 to 25° were made on the second 
day. On the third day, the e.m.f. values from 25 to 50° 
were obtained, and a final reading at 25° was made when 
possible. The reproducibility and stability of the cells 
containing tris was excellent. The initial and final readings 
at 25° differed usually by no more than 0.1 mv., and 
duplicate combinations of electrodes in the same cell agreed, 
on the average, well within ±0 .05  mv.

Results
The e.m.f. data are summarized in Table I. 

Each number is the average of two electrode com­
binations in the same cell. The e.m.f. was used 
to compute —log Kbh, the right side of equation 2, 
with various values of a*, the ion-size parameter. 
A curvature was apparent when a* values of + 2  
and —2 were used. The best straight-line plots 
of -log Kbb' with respect to mi were obtained with 
a* =  0. The results at 0, 25 and 50° are shown 
in Fig. 1.

The value of —log K bh' at mi =  0 (i.e., the inter­
cept —log Kbh) and the slope of the extrapolation 
line ( —13) were found by the method of least squares. 
The values of -log Kbh are summarized in Table II, 
together with cq, the standard deviation of the 
intercept. Values of the basic dissociation con­
stant (Kb) are readily calculated from Kbh and the 
autoprotolysis constant for water22 by the relation, 
Kh =  A w/A bh.

The present value of 8.075 for —log K b h  at 25° is 
in excellent agreement with 8.076 found by Bates 
and Pinching.8 At 20°, the present result is 8.214 
and the earlier one 8.221. At 30°, the two values 
are, respectively, 7.934 and 7.937. From meas­
urements with a glass electrode, Glasstone and 
Schram7 found —log Kbh =  8.03 at 25°. The 
values of —log K b h  in 0.6 M  potassium chloride at 
5 to 50° found by Bernhard23 are about 0.3 unit 
higher than those given in Table II. The dis­
sociation constants were calculated from electro-

(21) R„ G. Bates, “ Electrometric pH Determinations,”  John Wiley 
and Sons, Inc., New York, N, Y., 1954, pp. 166 and 205.

(22) H. S. Hamed and B. B. Owen, “ The Physical Chemistry of 
Electrolyte Solutions,”  3rd Ed., Reinhold Pubh Corp., New York, 
N. Y., 1958.

(23) S. A, Bernhard, J. Biol. Chem., 218, 961 (1956).

0  0 .0 4  0 .0 8  0.12
m ,.

Fig. 1.—Plot of —log Kbh' as a function of mj at 0, 25 and 
50°. Calculations made with a* =  0.

T a b l e  II
A cidic  D isso c ia tion  C o n st a n t  (Kbh) f o r  th e  P r o to n a te d  
C a tio n  o f  T r is - ( h y d r o x y m e t h y l ) - a m in o m e t h a n e  fro m  0

to  50°. AG°, A l l0, A S 0 AND ACP° a t  25°
. °C. — log Kbh ci

0 8.8500 0.0008
5 8.6774 .0008

10 8.5164 .0008
15 8.3616 .0008
20 8.2138 .0009
25 8.0746 .0006
30 7.9344 .0010
35 7.8031 .0010
40 7.6772 .0011
45 7.5543 .0015
50 7.4365 .0013

AG",
3. mole 1

AH",
j. mole-1

AS0,
j. deg. 1 
mole ~a

ACp«, 
j. deg. ~ 
mole 1

46,075 47,600 5 .1 -6 4
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metric titration data obtained with the glass elec­
trode.

Thermodynamic Quantities.— In order to derive 
the thermodynamic constants for the dissociation 
process, the values of —log Kbh were fitted to an 
equation of the form suggested by Harned and 
Robinson.24 The resulting equation, the constants 
of which were determined by the IBM 704 com­
puter, is

- l o g  K bb =  -  3.5888 +  0.00557IT  (3)

where T is the temperature in deg. Kelvin. The 
mean difference between the “ observed”  values of 
-log Kbh and the values calculated by equation 6 
for the 11 temperatures is ±  0.0012 unit.

By application of the customary thermodynamic 
relations to this equation for the change of —log 
Kbh with T, the following expressions for the 
standard changes of free energy (AG0), enthalpy 
(AH0), entropy (AS0), and heat capacity (ACP) 
for the dissociation of the protonated cation of 
tris-(hydroxymethyl)-aminomethane, were derived 
AG™ =  57,078 -  68.706? +  0.10666?2 j. m o le '1 (4)

Aff° =  57,080 -  0.1067?2 j. mole“ 1 (5) 
AS“ =  68.71 -  0.2133? j. deg ."1 m ole"1 (6) 

ACp” =  -0 .2 1 3 ?  j. d eg .-1 m ole"1 (7)
These equations are valid from T  =  273.16°Iv. 
to T =  323.16°K. The values of the quantities 
at 25° are given at the bottom of Table II. The 
estimated uncertainties are as follows: AG°,
±  6 j. mole-1; A H 0, ±  100 j. mole-1; A S 0, ±  
0.5 j. deg.-1 mole-1; and ACp°, ±  5 j. deg.-1 mole-1.

The equation for the variation of the basic dis­
sociation constant (Kb) of tris with absolute tem­
perature (T) is readily obtained by subtracting the 
expression for — log Kbh (equation 3) from the cor­
responding equation26 for —log K w as a function 
of T. The resulting equation is 

148Q <1- l o g  Kb =  KSSS  _  2.4958 +  0.011482? (8)

from which the following values of the thermody­
namic quantities for the basic dissociation at 25° 
are obtained

Process: B +  HsO BH+ +  OH-
AGa =  33,819 j. mole-1 
Aff° =  8,980 j. mole-1 
AS0 =  —83.3 j. deg.-1 mole-1 
ACp° =  —131 j. deg.-1 mole-1

Sturtevant10 has reported a calorimetric de­
termination at 25° of the enthalpy of ionization of 
the protonated (cationic) form of tris (BII+) in 
dilute solutions (the ionic strength of the final 
solutions was 0.013). His measurements lead to 
a value of 45,700 ±  400 j. mole-1, and this result 
may be regarded as A H 0 provided that the small 
enthalpy effect of dilution to zero concentration is 
ignored. The value found in this investigation is 
higher than Sturtevant’s by nearly 2,000 j. Two 
determinations of the change in molar enthalpy 
for the ionization of BH+ in a 0.1 M  solution of the 
base which was 0.6 M  with respect to potassium

(24) H. S. Harned and R. A. Robinson, Trans. Faraday Soc., 36, 
973 (1940).

(25) Reference 20, p. 363.

chloride have also been made. One of them,11 
a direct calorimetric measurement, gave 48,500 
±  400 j. mole-1 and the other,23 utilizing electro­
metric titrations with the glass electrode to de­
termine —log Kbh from 5 to 50°, gave 48,950 ±  
800 j. mole-1.

Discussion
Dissociation Constants.—Tris is a trihydroxy de­

rivative of ¿-butylamine, with one hydrogen of each 
of the three methyl groups attached to the tertiary 
carbon atom replaced by a hydroxyl group. As 
would be expected from the electron-attracting 
nature of the hydroxyl group,26 the substitution of 
OH groups results in a decrease of base strength. 
Inasmuch as -log Kbh for the ¿-butylammonium 
ion27 is 10.45 at 25°, this reduction amounts to 
approximately 2.4 units in log Kb. Glasstone and 
Schram7 found that the related compounds,
2-amino-2-methyl-l-propanol and 2-amino-2- 
methyl-1,3-propanediol, which have, on the tertiary 
carbon atom, one and two hydroxymethyl groups, 
respectively, are intermediate in strength, the 
latter being the weaker base.

Entropy.— The thermodynamic constants for the 
dissociation of the conjugate acid form of tris in 
the standard state are compared in Table III with 
the corresponding quantities for the cation acids 
of 18 other nitrogenous bases. With the exception 
of 2,2'-bipyridinium ion and triethanolammonium 
ion, the tris cation is the strongest acid listed in the 
table. It is unique among acids of its charge type 
in displaying an increase of entropy upon dissocia­
tion. (Positive changes in entropy have, however, 
been found for the first dissociation steps of ethyl- 
enediammonium ion and hexamethylenediam- 
monium ion.) Furthermore, the change of heat 
capacity appears to have a larger negative value 
than that for any other univalent cation acid so 
far studied.

A fruitful, detailed interpretation of the changes 
of these thermodynamic quantities with changes 
in the structure of the cation acid is, unfortunately, 
not possible at the present time. It seems certain, 
however, that solvation, with its accompanying 
changes in entropy and heat capacity, plays a 
significant part. Evans and Hamann29 explained 
the increasingly negative values of A<S° with sub­
stitution on the nitrogen in terms of changes in the 
solvation shell surrounding the (approximately 
spherical) ion. Bulky groups attached to the nitro­
gen atoms tend to exclude solvent and to increase 
the entropy of hydration of the ion, thus making 
the value of AS0 increasingly negative. Further­
more, the hydrophobic character of the alkyl 
groups added may well enhance this effect.28

It has likewise been observed29 that the value of 
AiS° becomes less negative as the alkyl chain length­
ens. The increase in AS0 is from 2 to 7 j. for each 
added CH2 group, or always somewhat less than 
the rotational entropy of an additional carbon- 
carbon bond.37 This observation has led to the

(26) A. E. Remick, “ Electronic Interpretations of Organic Chemis­
try,”  2nd Ed., John Wiley and Sons, Inc., New York, N. Y ., 1949, p. 
64; J. F. J. Dippy, Chem. Revs., 25, 151 (1939).

(27) N. F. Hall and M. R. Sprinkle, J. Am. Chem. Soc., 54, 3469 
(1932).
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T able  III
Comparison op — Log K b h, A H 0, A S 0 and  ACp° for the 

D issociation  of 19 C ation  A cids (B H +) at  25°
Process : BH + :  b  +  h +

AS0, ACp°,
Acid

— log AH°, j. deg. j.deg. 1
A'bk j. mole-1 mole“ 1 mole-1

Ammonium13 9.245 52,200 -  1.9 - 1 4
Méthylammonium28 10.624 54,760 -1 9 .7 33
Dimethylammonium28 10.774 49,620 - 3 9 .7 97
Trimetlrylammonmm28 9.800 36,880 -6 3 .6 183
Ethylammonium29 10.631 56,820 -1 3 .0
Diethylammonium29 10.933 53,430 -3 0 .1
Triethylammonium30 10.715 44,200 -5 6 .9 193
Ethanolammonium31 9.498 50,540 -1 2 .3 -  5
Diethanolammonium32 8.883 42,410 - 2 7 .8 49
Triethanolammonium3 3 7.762 33,450 -3 6 .4 52
re-Propylammonium30 10.568 57,180 -1 0 .5 31
n-Butylammonium30 
Ethylenediammonium

10.640 58,090 -  8.9 12

(2nd step)34 
Hexamethylenediam-

9.928 49,450 -2 4 .2 40

monium (2nd step)84 10.930 58,200 -1 3 .8 35
Piperidinium14 11.123 53,390 -3 3 .9 88
4-Aminopy rid inium15 9.114 47,090 -1 6 .5 - 1 5
2,2'-Bipyridinium35 4.352 14,120 -3 6 .1 103
Ephedrinium86 
Tris- (hydroxy methyl)- 

aminomethane, proto­
nated cation (this in­

9.544 45,150 -3 1 .3 67

vestigation) 8.075 47,600 5.1 - 6 4

belief that free internal rotation is impeded to some 
extent by the solvation shell at the charge center 
(“ chain-stiffening effect” ).

The positive change in entropy for the dis­
sociation of the cation acid of tris can be interpreted 
qualitatively in terms of solvation. The free base 
is a primary amine structurally similar to ¿-butyl- 
amine. The value of A$° for n-butylammonium 
ion is — 9 j. deg.-1 mole-1, but that for i-butylam-

(28) D. H. Everett and W. F. K. Wynne-Jones, Proc. Roy. Soc. 
(London), 177A, 499 (1941).

(29) A, G. Evans and S. D. Hamann, Trans. Faraday Soc., 47, 
34 (1951).

(30) D. H. Everett, unpublished results. Quoted by Robinson and 
Stokes (Reference 20, appendix 12.1).

(31) R. G. Bates and G. D. Pinching, J. Research Natl. Bur. Stand­
ards, 46, 349 (1951).

(32) V. E. Bower, R. A. Robinson and R. G. Bates, to be published.
(33) R. G. Bates and G. F. Allen, J. Research Natl. Bur. Standards, 

64A, 343 (1960).
(34) D. H. Everett and B. R. W. Pinsent, Proc. Roy. Soc. (London), 

215A, 416 (1952).
(35) R. Nâsânen, Suomen Kemistilehti, 28B, 161 (1955).
(30) D. H. Everett and J. B. Hyne, J. Chem. Soc., 1636 (1958).
(37) M. L. Huggins, J. Chem. Phys., 8, 181 (1940).

monium ion has not been determined. By the 
reasoning of Evans and Hammann, the total re­
striction of internal rotation by the solvation shell 
should, however, be greater in i-butylammonium 
ion than in n-butylammonium ion, for there are 
three carbon-carbon bonds (instead of one) within 
range of the ionic charge.

It is evident from the data of Table III that the 
chain-lengthening effect does indeed fall off with 
the distance of the bond from the charged nitrogen 
atom. To obtain an estimate of AS °  for ¿-butyl- 
ammonium ion, therefore, one should add to AS0 
for ethylammonium ion about twice the increment 
observed on passing from methylammonium to 
ethylammonium, namely 2 (6.7) or 13 j. deg.-1 
mole-1. We thus estimate A5° «  0 for i-butylam­
monium ion. Furthermore, a comparison of 
A(S° for triethylammonium with that for triethanol- 
ammonium shows that three hydroxyl groups may 
account for a further increase of 20 j. in A S 0. 
The positive value of AS0 for the dissociation of the 
conjugate acid of tris is thus quite reasonable.

Heat Capacity.— The negative value of AC,,'1 for 
the dissociation of the tris cation is also rea­
sonably consistent with the other values of ACP° 
listed in Table III. No value for ethylammonium 
ion is available, but a comparison of the changes 
in heat capacity for the dissociation of methylam­
monium and n-propylammonium ions, by the same 
reasoning applied to the estimate of A S 0, makes it 
seem likely that ACP° for ¿-butylammonium ion 
lies in the vicinity of 30 j. deg.-1 mole-1. It is 
evident, however, that the three hydroxyl groups 
may lower ACP° by well over 100 j. (from 193 for 
triethylammonium ion to 52 for triethanolam- 
monium ion). The value of ACp0 for the tris 
cation, — 64 j. deg.-1 mole-1, is therefore not un­
reasonable.

Although the importance of ion-solvent inter­
actions in accounting for the thermodynamic ef­
fects observed on the dissociation of an acid or base 
seems well established, it is impossible, on this 
basis alone, to show how an increase in A)S'° can be 
accompanied by a decrease in ACp0. A release of 
water molecules from combination would indeed 
be expected to increase both the entropy and the 
heat capacity. A clue to the contrary variation 
of these two quantities may possibly reside in the 
fact that restriction of the freedom of simple 
harmonic motion and hindered rotation can, under 
certain circumstances, lead to a fall of entropy with, 
however, an attendant increase of heat capacity.38

(38) D. H. Everett, D. A. Landsman and B. R. W. Pinsent, Proc. 
Roy. Soc. (London), 215A, 403 (1952).
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VOLTAMMETRIC MEMBRANE ELECTRODES. III. CONTROLLED
CURRENT VOLTAMMETRY
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Voltammetrio membrane electrodes are found to be ideally suited for controlled current voltammetry, the rigid structure 
of the membrane acting to minimize stirring and convection effects. Equations for transition times for constant current 
chronopotentiometry and linear current-scan chronopotentiometry under conditions of linear finite diffusion are derived, 
and it is shown that these reduce to those for infinite diffusion at short transition times. Good agreement between theory and 
experiment is obtained in cases where no interaction between the electroactive species and the cellophane membrane occurs.

Introduction
A theoretical treatment and an experimental 

study of diffusion currents obtained at voltam- 
metric membrane electrodes have been reported 
in a previous publication.1 The results obtained 
indicated that the membrance provides a fairly 
rigid diffusion layer so that the diffusion process is 
not disturbed by stirring or convection. This type 
of electrode should thus be ideally suited for con­
trolled current voltammetry even in stirred solu­
tion.

The solution of the boundary value problem in 
the case of constant current voltammetry (chrono­
potentiometry), under conditions where infinite 
diffusion can be assumed, is well known. Dela­
hay2'3 has given excellent discussions of the theory 
and application of this method and Reilley, et al,,4 
have made an extensive experimental evaluation 
of the method as an analytical tool.

The theoretical equation governing the transition 
time for linear current-scan chronopotentiometry, 
assuming linear infinite diffusion, has been given 
by Reinmuth5 and by Kambara and Tachi.6 
To the authors’ knowledge, however, no experi­
mental study of this technique has been reported 
in the literature.

This paper reports the results of a theoretical 
treatment and an experimental evaluation of 
constant current and linear current-scan chrono­
potentiometry at a membrane electrode where 
conditions of linear finite diffusion exist.

Theoretical
Constant Current Chronopotentiometry.— In this 

case, Fick’s second law is solved with the initial 
condition; C(Xfi) =  Ci and the boundary condi­
tions; Ca,t> =  Ci and (dC/dX)x _ 0 =  i/nFAD. 
Here l is the membrane thickness, n the number of 
electrons involved in the electrode process; F 
the faraday; A  the cross sectional area through 
which diffusion occurs and D the diffusion coefficient 
in the membrane. The quantity Ci is the con­
centration of electroactive species in the membrane 
at the membrane-solution interface and may or may 
not be equal to the concentration of this species

(1) R. C. Bowers and A. M. Wilson, J . A m . C h em . S o c ., 80, 2968 
(1958).

(2) P. Delahay, “ New Instrumental Methods in Electrochemis­
try,”  Interscience Publishing Co., New York, N. Y., 1954, chapter 8.

(3) P. Delahay and G. Mamantov, A n a l .  C h em ., 27, 478 (1955).
(4) C. N. Reilley, G. W. Everett and R . H. Johns, ib id .,  2 7 ,  483 

(1955).
(5) W. H. Reinmuth, ib id ., 32, 1509 (1960).
(6) T. Kambara and I. Taohi, J . Phye. C h em ., 61, 1405 (1957).

in the aqueous solution. It is assumed, however, 
that with rapid stirring of the solution, Ci remains 
constant throughout electrolysis.

Employing the Laplace transformation, the 
following is obtained as a solution to this boundary 
value problem

'<*•<) = C i
2 i 

nFA

m = «J
S

m = 0,1,2,3....
L  (  [2 ml +  x]*\ (  [2ml +  2 l - x V \
] eXp 1 4 Dt J 6XP V 4Dt )

2ml +  x r - c /2 ml +  *\ .
w r  ^ er'° w r )  +
2ml +  21 -  x ._ , (2nd +  21 -  x\\

- 2 V S T  ' / ' er,d  2 V S  i f
(1)

Upon setting C(X _ 0> =  0, the following is obtained 
for the transition time, r.

nFA\/CrD Ci 
2 i(l -  a) (2)

where a is defined by

=  - 2  Y  ( - 1 ) «
m =  l,2,3.....

( (  mH2\
r n - i v j -

ml
V d 't

y f i  erfc /_ m Z \
\ ^ D r )

(3)

Values of j as a function of I / ' s/ D t  can be com­
puted with the aid of tables of error functions.7 
It is found that when I / ' s/ D t  ^ 1.9, a ^ 0.0055 and 
equation 2 reduces essentially to that for infinite 
diffusion.

Current-scan Chronopotentiometry.— This prob­
lem differs from that treated above only in the 
boundary condition for the concentration gra­
dient at the electrode surface. In the case of 
linear current-scan this gradient is given by 
(àC/àX)x=o =  Pt/(nFAD), where fi is the rate at 
which the current changes with time. The solu­
tion of this boundary value problem can be written 
as

C (x, o = C i + 4gf/«
3 nFA a/  t-D

m =  co

E ( - D ”

^  ! [2nd +  21 -  iP '
) exp (  [2nd +  21 -  x\*\ 

\ W t  )
( .  . [2ml +  ap\
V ^  +Dt )

exp ( [2 ml +  xP\ 
iD t )

/3  [2ml +  2 1 -  ip ' 
\2 +  4 Dt )  [2 m Z + .2i - * ]  V t  erfc 

/  2y/Dt

(7) See, for example, J. Crank, “ The Mathematics of Diffusion,”
Oxford University Press, London, 1956.
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< 2  ml +  21 — X 
< 2 y/Dt ) H + [2ml +  z ]2\ [2ml +  x]

2 )  2 VDt
2 ml +  x\ )

\rir erfc 2 y/Dt /  ) W

The transition time is given by
Z n F A y / ttD  C i

40(1 -  * ') (5)

( t i  +  t 2)V * , ‘A  = n2F A y /  ir D i CV 
21 (7)

An analogous equation, valid for linear current- 
scan under conditions of infinite diffusion, is ob­
tained by solving the following boundary value 
problem. Setting t' =  t — n, the initial {t' =
0) conditions for species 1 and species 2 are given
b y

4/?nV. [V i  , ** \
1 <1 +  S v j expCi<*.o> =  Ci» -  

( -

StiiFA y/ttDi L V
_  ( l

4 A n / 4 A n /  2 % / I V i
V jt erfc

and
C2te,o) =  C2» (9)

In addition the following boundary conditions can 
be written

- A  P i FA.  , +  (  0C2)  =  ÆO X /!_ 0 \OX/x_0
Cito.«') = 0 

Ci«».«', =  Ci»

(10)

(H )
(12)

( 1 3 )

exp

, 3Aa\/'”‘ ,
+  ~"o_------ r

\ 2 a v W
_____________ (14)
(8) T. Berzins and P. Delahay, J. Am. Chem. Soc., 75, 4205 (1953).

where

A  =
4gn*A

S riiF A ^ / ^ and a =
2 y / D i

T  V* =

where <j' is defined by

When I/s/D t -̂ 1.6, cr'^0.0056 and equation 5 
reduces to that for infinite diffusion.6 6

Transition Time for the Reduction of a Second 
Species.— When two electroactive species, whose 
reduction potentials are different, are present, the 
transition time for the second step cannot be ex­
pressed by the relatively simple equations given 
above. The boundary value problem, under 
conditions of linear infinite diffusion and with 
constant current, has been solved by Berzins 
and Delahay8 with the result

By employing equation 14 in boundary condition 
10 and utilizing equations 9, 10 and 13, Fick’s 
second law for species 2 can be solved by the 
method of Laplace transforms with the result

C2(i_o) — C2° —
3n^FAy/11

[(«' +  n)Vi -  n ’A] (15)

and

( tj +  Tl)‘/> — Tl’/s = 3n2FA \ /1tD% C2( 
48 ( 1 6 )

Equation 16 predicts a decrease in the transition 
time of the second species with increasing transition 
times of the first species. This is opposite to the 
behavior with constant current chronopotentiom- 
etry.

It should be noted that equations 7 and 16 are 
valid only under conditions of linear infinite diffu­
sion. Since at the voltammetric membrane elec­
trode, conditions for attaining linear finite diffu­
sion exist, the above equations are valid for this 
electrode only under specific limiting conditions. 
In order to predict accurately what these limita­
tions are, it would be necessary to derive ana­
logous equations but under conditions of finite 
diffusion. Such derivations would be exceed­
ingly cumbersome. It is reasonable, however, 
to expect that 1/y/D2t2 must be equal to or greater 
than 1.9 or 1.6 for constant current or current-scan, 
respectively, in order that the diffusion of the 
second species corresponds essentially to infinite 
diffusion. Furthermore, since the fraction of the 
applied current expended for reduction of species 
1 is explicit in the derivations of equations 7 and 
16, and since infinite diffusion of this species is 
assumed, the further restriction that l/y/D^ry+T^) 
must be greater than 1.9 or 1.6, respectively, for 
constant current and current-scan chronopotenti- 
ometry is reasonable.

Charging Current Error.—The influence of the 
double layer in chronopotentiometry has been 
considered by Gierst9 and by Delahay and Ma- 
mantov.3 According to the treatment of the latter 
authors the time, ta, required to charge the double 
layer in the absence of any electrochemical reaction 
is given by

U =
CÆ (17)

and
C2(ro,i') - C2°

Utilizing equations 8, 11 and 12 and proceeding 
in a manner analogous to that outlined by Berzins 
and Delahay,10 the following is obtained as the 
Laplace transform of the flux of species 1 at x =  
0 as a function of V.
/dC\ = Ci° _  A _  0Aa2V A  
VcuJco.p) “  V p D i  y/ p D i  P Vj 1 2p 

6Aa3Di\̂ ir __ 6.i(rl), vAt (  V \ gr£c (  y/P \

where C is the average double layer capacity and 
AE  is the change in potential of the electrode. The 
ratio of the charging current time to the transition 
time is then given by

iCAEi (18)CtL - (nFACy  trZ)

Equation 17 can be applied to linear current- 
scan chronopotentiometry, by setting i =  ¡31
where l is the average time, measured from the 
beginning of the current-scan, over which the 
charging process occurs.

Thus
(9) L. Gierst, Thesis, University of Brussels, 1952.
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A A  _  ( 4 / 3 ) V » C A g  n q 1
VrA.,. i?/*l{nFACYh ( tD)'A k

Equation 19 predicts a much greater distortion 
of the current-time curve, due to charging of 
the double layer, at the beginning of the current- 
scan than in the vicinity of the transition time.

If the charging current error in the region of the 
transition time alone is considered (t =  r), it is 
possible to compare the approximate charging cur­
rent errors associated with the two different 
techniques, constant-current and linear current- 
scan. This is most easily done assuming condi­
tions such that the transition times for the two 
techniques would be the same. Under such 
circumstances, one finds that (i0)o .s ./(ic)c.c. =
2/ 3. Thus, if charging of the double layer occurs 
predominately in the vicinity of the transition 
time, the charging current errors associated with 
the two different techniques will be approximately 
equal. However, if any appreciable charging 
of the electrode double layer occurs prior to reduc­
tion (or oxidation) of the electroactive species, 
the current-scan technique will give rise to a 
considerably larger charging current error.

Experimental
Reagents.— All supporting electrolyte solutions used 

were prepared from reagent grade chemicals. Stock solu­
tions of thallous chloride were prepared from the recrystal­
lized salt. Cadmium nitrate solutions were prepared 
from reagent grade chemicals and standardized according 
to the procedure of Wiley10 or by titration with standard 
ethylenediaminetetraacetic acid solution. The mercury 
employed in the electrode was purified by treatment with 
10% nitric acid followed by distillation at reduced pressure.

Electrode.—The electrode used was constructed in the 
manner previously described1; the cellophane employed was 
donated by E. I. du Pont de Nemours and Company.

Apparatus.— Three electrodes were used in all experi­
ments. A platinum electrode having a fairly large area 
served as an auxiliary electrode and a Beckman #1170 
saturated calomel electrode as the reference electrode. 
A jacketed electrolysis cell connected to a constant tempera­
ture water-bath was used to maintain a temperature of 25.0 
± 0 .1 ° . All solutions were deaerated with Linde H. P. 
nitrogen prior to each experiment. Potential-time curves 
were recorded with a variable speed Varian recorder having 
a response time of one second. The recorder was coupled 
to a general purpose electroanalytical instrument11 which also 
served to maintain a constant current or to provide a cur­
rent varying linearly with time. A constant current could 
be maintained to within ± 0 .1 % ; in the case of current- 
scan, the current was linear with time to within ± 0 .1 %  of 
the maximum current.

Results and Discussion
Experimental Verification of Equation 2 and 5.—

It has been shown1 that the diffusion coefficients 
of electroactive substances in cellophane can be 
calculated from the steady-state limiting current, 
¿<o, at voltammetric membrane electrodes by 
means of the equation

D = 1  co 1

nFAC0 (22)

Here l is the membrane thickness and A is the 
cross sectional area through which diffusion occurs. 
The latter has been shown to be essentially equal 
to the total area of the cellophane membrane.1 
This experimental evaluation of D allows a cal-

(10) R. C. Wiley, Ind. Eng. C hem Anal. Ed., 3, 14 (1931).
(11) D. D. De Ford, “ Symposium on Electroanalytical Techniques,”  

133rd American Chemical Society Meeting, San Francisco, California, 
April 1958.

culation of the theoretical proportionality con­
stants relating transition times to concentration 
and current (or rate of current-scan) in chrono- 
potentiometric experiments.

Case A. Infinite Diffusion Conditions.— In the 
theoretical discussion, the conditions under which 
infinite diffusion could be assumed were pointed 
out. Under such conditions, <j and a' in equations 
2 and 5 are negligibly small. The data in Tables 
I and II substantiate this conclusion.

T able I
C onstant C urrent and L in ear  C urrent- scan R educ­

tion  of T hallous I on

Supporting electrolyte: 0.5 M  NH4N 0 3; 0.5 M  NH3. A  
=  0.273 cm.2; I =  2.67 X 10-2 cm.; D  (calcd. from i m) 

=  4.10 X  10“6 cm.2/sec.
A. Constant-current

/  t'/H\
V C ° 7  thcor. ~

: 47.6

r 'A i
C°Tl(mM) ¿(/tamp.) r(sec.) CO

1.00 10.0 21.8 46.6
2.00 20.0 21.7 46.5
4.00 40.0 21.8 46.6
8.00 80.0 20.5 45.2

12.0 120.0 22.8 47.7
Av. = 46.5 ± 0 . 5

For infinite diffusion t Sj J L  <
1.9D  h

91 sec.

B. Linear current-scan

\ C° /Theor.
= 71.5

A/og
C°r\(.mM) mp./sec.) r(sec.)

1.00 0.50 28.4 75.7
2.00 1.00 28.2 74.7
4.00 2.00 27.8 73.7
8.00 4.00 27.1 70.4

12.00 5.00 30.9 71.4
Av. = 73.2 ±  1.8

For infinite diffusion r <
1.6D x 108 sec.

The data in Tables I and II indicate that
agreement between experiments at different con­
centrations is better with the constant current 
technique. Plots of i-3/2/3 vs. C°, however, yield 
good straight lines having slopes very nearly equal 
to the theoretical but not passing through the 
origin. The trend to larger values of r3/2d/C° 
as the concentration is decreased is thought to be 
caused by the increasing relative error resulting 
from the charging of the double layer.

Case B. Influence of Finite Diffusion.— Con­
stant current and linear current-scan experiments, 
in which Z/a / D t was less than 1.9 and 1.6, respec­
tively, were run in order to verify equations 2 and 
5 more completely (Tables III and IV). Values 
of <r and a (equations 3 and 6) were obtained 
from plots of these quantities as a function of 1/ 
a/  Dr.

Although the experimental values of 1 — 
(j)/CQ and ri/2/3 (1 — a-')C° deviate to some extent 
from the theoretical values, it is apparent that a 
satisfactory correction can be made for the finite
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T able  II
Constant C urrent and  L in e a r  C urrent-S can R educ­

tion  of Cd(II) I on

Supporting electrolyte: 0.50 M  NH4N 0 3; 0.50 iff NH3. 
.4 =  0.273 cm.2; I =  2.41 X 10-2 cm.; D  (calcd. from ia,) 

=  1.05 X 10-6 cm.2/sec 
A. Constant current

/  tVh\
\ C° /Theor. ; 47.9

t'/h
C°cd(mM) i Damp.) t (sec.) C°

1.00 7.00 38.9 43.6
4.00 28.0 39.3 43.9
8.00 56.0 38.7 43.5

12.00 84.0 38.9 43.6
Av. = 43.6 ±  0.1

For infinite diffusion t ^ 291 sec.

i. Linear current-scan

V C° /Theor. = 71.8

t’/ s0
C°cd(mM) /:! (/tamp./sec.) t (sec.) C»

1.00 0.50 28.0 73.9
4.00 2.00 27.5 72.3
8.00 4.00 27.4 71.8

12.0 4.00 35.5 70.5
Av. = 72.1 ±  1.0

For infinite diffusion r ^
n

_ —  < 
1.6D 345 sec.

T able  III
C onstant C urrent R eduction  op T hallous I on 

Supporting electrolyte: 0 100 iff K N 0 3, A =  0.374 cm.2; 
i =  1.46 X  10-2 cm.; D  (calcd. from i«,) =  3 50 X  10-6 

cm.2/sec.

(V / n (  1 -  <r)\ =  59.8C° /  theor.

C°T1
(m l)

i
Damp.)

T
(sec.) l/VTTr <7

TX/2i
T[/;ì 

(1 — Ob
C°

1.50 20.0 22.4 1.65 0 .016 63.2 62.1
2.00 25.0 26.4 1.52 .028 64.2 62.3
0.909 10.0 36.7 1.29 .067 66.7 62.2
1.50 15.0 47.3 1.14 .111 68.9 61.2
2.00 20.0 50.0 1.10 .126 70.6 61.7

Av. =  61. 9 ±  0.4

T able  IV
L in ear  C urrent- scan R eduction  of T hallous I on 

Supporting electrolyte: 0.5 iff NH 4N 0 3; 0.5 iff N1IS.
Concn. of T1N03 =  2.00 miff; A =  0.272 cm.2; t =  2 .49  

X 10-2 cm. D  (calcd. from i „ )  =  3.40 X 10~6 cm.2/sec.

1 F ° ' theor. 6 4 . 3

j 8 ( ^ a m p . / s e c . ) r ( s e c . ) 1/\/ Dt u'
T S/2 £
Co

7’Vip 
U -  <r') 

Co
0 . 5 0 0 4 1 . 5 2 . 0 9 0 . 0 0 0 6 7 . 1 6 7 . 1

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

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

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

. 0 5 0 2 0 7 . 0 0 . 9 4 . 0 9 6 7 4 . 4 6 7 . 2

diffusion occurring when 1 / \ / D t is not within the
limits required for infinite diffusion.

Reduction of a Second Species.— Potential- 
time curves, using a linear current-scan technique,

Fig. 1.— Dependence of the chronopot.cntiometric con­
stant for the reduction of a second species on / / V D (n  +  t2). 
Concentration of T l+ =  1.00 miff; concentration of 
Cd(NH3)4 + + =  1.00 mil/. I, constant current; II, linear 
current-scan.

were recorded using solutions containing various 
amounts of thallous and cadmium ion (Table V). 
These experiments were performed under condi­
tions where linear infinite diffusion could be 
assumed.

T able  V
Stepw ise  R eduction , b y  L in e a r  C urrent-S can T ech­

niques, of T hallous and  C admium  I on 
Supporting electrolyte: 0.50 iff NH4N 0 3; 0.50 iff NH3. 
A =  0.273 cm.2; I =  2.26 X 10"2 cm.; 2.00 miff T1N03; 
D t i + (calcd. from ft») =  2.93 X 10-6 cm.2/sec.; -DcdcNH/u+T 

(calcd. from A )  =  0.774 X  1 0 '6 cm.2/sec.
'Vi'/s/SX/ n ‘/ - A
V C»T1 ) l

59.9

n (Tl +  T2)V . - n V . ] PX =  6L7
\ O uCd /T heor.

[(n +
t„Ì3/2 _

C“cd(m.li)

(3Damp./
sec.) ti (sec.) Tl +  T2 C°T1

rs)!/2 _
ti3/=](3
C°Cd

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

For infinite diffusion

 ̂ l ik  ^ 413 sec-
( t i  +  T o )

1-
1.6 A $ 109 sec.

The data in Table V substantiate equation 16, 
although the agreement between the experimental 
and “ theoretical” values is not as good as when 
only one reducible species is present in solution.

The results of experiments run in order to de­
termine the validity of the prediction that infinite 
diffusion occurs as long as 1/\/Di(ti +  r2) is equal 
or greater than 1.9 or 1.6, for constant current or 
linear current-scan chronopotentiometry, respec­
tively. are shown in Fig. 1. These plots indicate
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Fig. 2.— Constant current and linear current-scan chrono- 
potentiograms of 1.00 mM  T1N03. I, constant current, 
i — 100 ¿tamp.; II, linear current-scan, /3 =  50 /¿amp./sec.

that below these limits an appreciable error is 
incurred, the error increasing with increasing 
n  +  T2 as expected. Since, in all cases, the quan­
tity l/-\/D rr2 was within the limits for assuming 
infinite diffusion for cadmium, the error is due 
to the finite diffusion of thallous ion.

Charing Current Distortion of Potential-Time 
Curves.— Figure 2 allows comparison of the dis­
tortions of the potential-time curves using constant- 
current and linear-current-scan techniques. It 
is apparent that the distortion is nearly the same 
in the two techniques in the vicinity of the transi­
tion time. As expected, however, the distortion 
in the initial portion of the potential-time curve 
is much greater with the linear current-scan tech­
nique than with the constant-current technique.
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*
The solvent extraction method has been used to study the germanium(IV)-chloride system in acid media. GeCU is the 

main germanium species extracted in CC14. The variation of the Ge distribution ratio with the solution composition is 
interpreted in terms of a series of GeCli(0H ),(II20)i:<i+i-4)~ species. At constant levels of total HCl-HClCh molality, the 
average value of i increases from 0 at low HC1 concentration to close to 4 at the highest HC! concentration. In HCl-LiCl solu­
tions of constant total molality, the average value of j  decreases with increasing acidity from close to 4 to minimum values, 
these minimum values are in turn lower at higher molality levels. In HC1 solutions, GeOsfHsO)* is the main Ge species 
up to 5.6 m HC1; at higher HC1 concentrations, anionic complex species are present but complete formation of GeCi62- is 
not attained.

Introduction
The stability of the halide complexes of most 

metal ions decreases in the order F~ > >  CD >  
Br~ >  I - ; the reverse sequence of stability holds 
for the complexes of a few transition and heavy 
metal ions and is attributed to dative ir-bonding.1-3 
Ge(IV) and Sn(IV) halide complexes apparently 
fall into the first class whilst Pb(IV) is expected 
to belong to the second class.

As part of a study undertaken to establish the 
stability trends among the halide complexes of 
Ge(IV), Sn(IV) and Pb(IV), an investigation of 
the nature and stability of chlorogermanium(IV) 
species is reported. So far only qualitative pre­
dictions have been made as to the state of german- 
ium(IV) species in hydrochloric solutions.4'5

The solvent extraction method was selected to 
investigate the Ge(IV)-Cl~ system. By estab­
lishing successively the influence of the metal, 
the ligand and the hydrogen ion concentrations on 
the metal distribution between solution and im­
miscible solvent, the formulas and stability con-

(X) B. G. F. Carleson and H. Irving, J. Chem. Soc., 4390 (1954).
(2) S. Abrland, Acta Chem. Scand., 1 0 ,  723 (1956).
(3) S. Abrland, J. Chatt and N. R. Davies, Quart. Rev., 12, 265 

(1958).
(4) G. Brauer and H. Müller, Z. anorg. Chem., 287, 71 (1956).
(5) D. A. Everest and J. C. Harrison, J. Chem. Soc., 1820 (1957).

stants of the MftLi(OH)/ species in solution can be 
determined.6'7 CC14 was chosen as solvent be­
cause it is nearly immiscible with water, a poor 
solvent for HC1 and likely to extract GeCU and 
give ideal solution.

Experimental Materials and Methods
Reagents.— An aqueous 4 X  10~2M  stock solution of 

germanium(IV) was prepared from 99.9% germanium 
dioxide kindly provided by the Tsumeb Corporation. 
Reagent grade hydrochloric acid, perchloric acid and lith­
ium chloride were used. Reagent grade carbon tetra­
chloride was employed without purification once it was found 
that identical results were obtained with the purified sol­
vent.8

Procedure.— Aqueous solutions of HC104, LiCl and HC1 
were mixed and cooled in a separatory funnel, after which 
the Ge solution was added. A known volume of CC14, 
in most cases equal to the volume of the aqueous phase, 
was added and the separatory funnel was shaken mechani­
cally for 60 minutes. Tests showed that distribution equi­
librium was reached in 12 seconds. The phase separation 
was achieved by decantation and when necessary by cen­
trifugation. The experiments were carried out at 23 
± 2 ° .

Aliquots of the aqueous phase were taken for analysis.

(6) H. Irving, F. J. C. Roseotti and R. J. P. Williams, ibid., 1906 
(1955).

(7) R. M. Diamond, J. Phys. Chem., 61, 69 (1957).
(8) E. B. Sandell, “ Colorimetric Determinations of Traces of 

MetalB,”  Interscience Publ., New York, N. Y., 1959, p. 173.
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The total acidity was obtained after addition of an excess of 
sodium carbonate and back titration with standardized 
HC1; Ge02 being a very weak acid9 does not interfere. 
Chloride was determined by the Volhard method and Ge-
(IV) by the phenylfluorone method,10,11 according to the 
procedure developed by Sandell.11 A Beckman model 
DU spectrophotometer was used.

The organic phase was analyzed, after extraction with 
water, as indicated above.

A germanium material balance provided a check of the 
technique. The germanium recovery amounted to a mini­
mum of 90% when the germanium distribution ratio was 
less than 102, the recovery decreased to 80% for a distribu­
tion ratio 103-6. Germanium losses appeared to take place 
during the making up of the germanium aqueous solution 
and were apparently caused by the high volatility of the 
germanium tetrachloride. To eliminate these errors, the 
germanium distribution ratios when high were calculated 
from the concentration in both phases.

Experimental Results
Nature of the Ge(IV) Species in CCfi.—The

analysis of ten CC14 extracts corresponding to 
various hydrochloric solutions of germanium are 
reported in Table I. When the extracts are equil­
ibrated with water, hydrolysis of the germanium 
species proceeds according to

GeCli(0H)4_i +  (i -  2)H20  — >  Ge02 4- iCl” +  iH+

The value of i  can be deduced from the analytical 
ratios Cl~/Ge or H+/Ge. Corrections for the 
HC1 coextracted in CCLj were calculated from a 
value 10-7-4 obtained for the HC1 partition co­
efficient12 and found to be negligible in the con­
centration range studied.

T a b l e  I
A n a l y s is  o f  CCfi E x t r a c t s

Composition of initial aqueous phase,
mole/1. ✓---------Analytical ratios-

Ge HC1 HCIO, Ge ci- H +
10 " 2 7.00 1.00° 4.03“ 3.97'
10 "2 8.00 1.00 3.98 4.02
io-2 8.96 1.00 4.16 4.08

5 X 10“3 0.095 6.91 1.006 3.94° 3.81!
10- 2 0.164 6.84 1.00 4.03 4.11
10- 2 0.620 6.74 1.00 3.93 3.90

“ Average of 4 extractions. 6Average of 2 extractions.

The analytical ratios Cl“/'Ge and H +/Ge are in 
good agreement and come close to 4.

The amount of water present in CC14 extracts 
as determined by the Karl Fischer method using 
the Townson and Mercier apparatus appeared to 
be independent of the Ge concentration.

Distribution of Ge(IV) between HCl-HC104-LiCl 
Solutions and CCfi.—The germanium(IV) dis­
tribution ratio D  =  (GeCl4)org./2(Ge)aq. was 
studied as a function of four concentrations: 
those of germanium, chloride and hydrogen ions 
and hydrochloric acid.

(I) Influence of the Germanium Concentra­
tion.—The following values of D  were obtained 
when the germanium concentration was varied in 
these solutions: 8.90 m  HC1 (1), 1.44 m  HC1- 
6.58 m HC104 (2), 0.071 m HC1-9.85 m HC104 (3).

(9) C. E. Gulezian and J. H. Mailer, J. Am. Chem. Soc., 54, 3142 
(1932).

(10) H. J. Cluley, Analyst, 76 , 517 (1951).
(II) Ref. 8, p. 485.
(12) Unpublished results by C. Barbeau and P. Clero.

Fig. 1.— Germanium distribution ratio as a function of Cl~ 
concentration at various levels of total molality: open 
circles, HC1-HC10,, filled circles, HC1-H2S04.

- 2 - 1  O 1
!og [H+J '

Fig. 2.— Germanium distribution ratio as a function of H + 
concentration at various levels of total molality.

(1) log2(Ge)aq.: —5.2 to —2.9, log D  — +0.80 ±  0.03
(2) log 2(Ge) aq.: —3.4 t o —1.7, log Z> =  —1.00 ±  0.06
(3) log 2(Ge) aq.: -5 .6  to -2 .1 , log D  =  -1 .3 4  ±  0.04

These results show no significant effect of the
germanium concentration on the distribution ratio.

(2) Influence of the Chloride Ion Concentration 
at Constant Acidity and Total Molality.— Data are 
presented for solutions in which the HC1 concen­
tration was varied while acidity and total molality 
were maintained constant by means of HC104 
at 6.22, 8.02, 9.92, 11.94, 14.88 and 17.26 m , and 
with H2S04 at 8.02 m . The germanium con-
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Fig. 3.—Dependence of the germanium distribution ratio 
and the solubility of GeCfi on HC1 activity: O, Brauer’s 
solubility values; • , Allison’s solubility values.

centration was kept between 5 X  10 ~ 4 and 5 X 
10-3. Log D  is plotted in Fig. 1 against the loga­
rithm of the “ free chloride”  equilibrium concen­
tration (Cl- ) in aqueous solution. This concen­
tration was equal to the HC1 concentration when 
the latter was not too low. A corrective term equal 
to the concentration of chloride bound to german­
ium, i.e., I times the germanium concentration was 
subtracted from the HC1 concentration at low 
HC1 levels; l was obtained by using successive 
approximations, from the value of the slope of the 
curve. The distribution ratio increases with the 
chloride concentration. For total molality 9.92 
and 11.94 to, D  reaches a maximum value and then 
decreases. D  increases markedly with increasing 
total molality at constant chloride concentration.

(3) Influence of the Hydrogen Ion Concentra­
tion at Constant Chloride Concentration and Total 
Molality.—The distribution ratios corresponding to 
solutions of variable HC1 concentration and con­
stant HC1 +  LiCl total molality of 6.86, 8.05, 10.0 
and 12.0 to are plotted against log (H+) in Fig. 2. 
D  increases but less and less rapidly with increasing 
H+ concentration. At constant acidity there is 
also a large increase of D  with increasing total 
molality.

(4) Influence of the HC1 Concentration.—
Figure 3 presents the data for HC1 solutions from 
0.1 to 16 to HC1. The germanium initial concen­
tration varied between 10-3 and 3.6 X 10-2. 
The values of log D  are plotted against the HCl 
activity logarithm calculated from Akerlof’s data.13 
D  varies at first slowly with the HCl concentration 
til 5 to HCl then D  increases rapidly to reach a 
maximum value for 14 to HCl.

Interpretation of Results
The experimental results in Table I indicate that 

the germanium species extracted in CC14 is german­
ium tetraeb loride. Recent determination of Ge- 
Cl4 vapor pressure12 when compared with solvent 
extraction data support this conclusion and show 
further that the GeCl4 solutions in CC14 are ideal. 
Irvine and co-workers14 report values of Cl- /G e

(13) G. Akerlof and J. W. Teare, J. Am. Chem. Soc., 59, 1855 (1937).

between 3.0 and 3.9 for extracted germanium spe­
cies but no specific data are quoted so that it is 
difficult to discuss their results.

The lack of dependence of the distribution ratio 
on the metal concentration can be shown mathe­
matically6'7 to imply identical degrees of polymeri­
zation for the metal species in the aqueous and 
organic phases. GeCl4 being present in CC14, 
the germanium species in the aqueous solutions 
studied are therefore mononuclear.

i and j, respectively, the number of Cl and OH 
bound per Ge atom in the GeCl^OH^C^O)*; 
species in aqueous solutions, charges being omitted 
for convenience, are related to the slope of the 
curves plotted in Figs. 1 and 2. For sake of 
simplification it is assumed first that GeCk(OH).,- 
(H20)i; is the only species present in a given con­
centration interval for Cl-  and OH- . Calling Ki} 
the mass action constant for the equilibrium
GeCl;(OH),(H2O)fc +  jH+ +  (4 -  ¿)C1~

GeCh +  (j +  m 20
and introducing the distribution ratio Dv, and P  
the GeCl4 partition coefficient, the following ex­
pression is found

D ¡i =  K m x  P x /iik ( 0

where | | means activity and /¡jk the activity co­
efficient of GeCl,:(OH);,-(H20)i;. Assuming now 
that various GeCli(0H)3(H20)i! species are present 
simultaneously the distribution ratio is such that

Taking the derivative with respect to log(Cl ) 
d log D  n _ J P  d log D ¡ j  

d log (Cl- ) Z)ij d log (C1-) V ;

Combining equations 1 and 2 and introducing i 
the average number of Cl bound per Ge atom 

.  _  2i(GeCli(0H)/(H20 )4) „  i D
1 SiGeCGOHbtHoOL) Du 

and ]  and k are likewise defined. Then
f  d log D  ~|
Ld log (C l-)Jc_d log (C1- )J(H+)

- d lo g /H+ 
J d log (Cl-

= (4 — l )  +  (4 — Ï)
d log / 0 1

+  nx
d log (C1-) 

d log f  ¡jk1
D u d M c n  

(J d log |H20 | 
K> d log (CD)

+

(3)

If activity coefficients and water activity are kept 
constant, equation 3 becomes

r  d log D  - 1

Ld log (Cl- ) JiHC = 4 — i (4)

Although the values of log D plotted against log 
(Cl- ) in Fig. 1  are for solutions of constant HC1- 
HCIO4 total molality, activity coefficients are 
likely to vary if the replacement of one constituent 
say HCIO4, by the other one HCl takes too large 
proportions.16 The applicability of equation 4 to 
calculate l is therefore restricted to relatively low 
chloride concentrations. This point is illustrated

(14) G. O. Brink, P. Kafalas, R. A. Sharp, E. L. Weiss, and J. W. 
Irvine, Jr., ibid., 79, 1303 (1957).

(15) P. G9 Murdoch and R. G. Barton, ibid., 55, 4074 (1933).
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by the results of the experiments made using H2S04 
in place of HC104 at the same total molality 8.02 
to. The corresponding curves giving log D against 
log (Cl- ) are at first parallel and unexpectedly 
close but then slopes become different for 1.6 to 
(Cl~). In this particular case, a 1.6 to Cl~ con­
centration, i.e., a replacement of 20% of HC104 by 
HC1, is thus an upper limit for the applicability of 
equation 4.

Values of l were calculated for each total molality, 
from the slope of the curve giving log D against 
log (Cl- ) in Fig. 1, according to equation 4. For 
the lowest chloride concentrations, l was close to 
or equal to zero and then increased gradually with 
(Cl- ). The values of log (Cl- ) corresponding to 
l =  i +  y 2 which are tabulated below for total 
molality 11.94 to give an indication of the stability 
of the chloro-complexes.

log (Cl- ) - 2 . 3  - 1 . 2  - 0 . 6  - 0 .1
% 0.5 1.5 2.5 3.5

At 11.94 m total molality, D goes through a maxi­
mum leading to l =  4.0, for 1.5 to (Cl- ), a chloride 
concentration for which equation 4 is still thought to 
be applicable. On the other hand, the value l — 4.0 
for 7.0 to (Cl- ) at 9.92 to total molality may not be 
significant.

Am expression giving [d log D/d log (H+)](ci-) 
is obtained by following steps similar to those 
used for establishing relation 3. The application 
of the simpler form

F d log D  1  -  f51
Ld log (H +)J(ci~) J lJ

to the calculation of j  should be restricted to low 
H+ concentrations to ensure the constancy of the 
activity coefficients. However, for solutions of 
constant total molality LiCl +  HC1 =  4 and 6 to, 
the HC1 activity coefficient has been shown to be 
nearly independent of the HC1 concentration.16 
If the constancy of the activity coefficient could 
be extended to "higher total molality and to ionic 
activity coefficients, equation 5 could be used to 
calculate j  over the whole range of HC1 concentra­
tion. The values of j  are plotted in Fig. 4, against 
log(H+) for total molality 6.86 (1), 8.05 (2), 10.0
(3), and 12.0 to (4). j  is seen to decrease regularly 
with increasing H+ concentration from close to 4.0 
to minimum values which in turn decrease with 
increasing total molality.

Approximate values of l and j  for the GeCl*- 
(OH),-(H20)* species present in HC1 solutions are 
obtained from the limit slopes of the curves given 
in Figs. 1 and 2. For 12.0 m HC1, l =  4.2 and j  =  
0.7 are found. This would indicate germanium 
species with an average charge —1 and suggest 
a coordination number 6 for germanium, water 
being coordinated. Migration experiments give 
also evidence that anionic Ge species are present.4'17 
Using the resin loading method, Everest6 concludes 
that GeCh-XOH).,--  species with 3 <  j  <  4 are 
formed between 7.5 and 11 to HC1. However, this 
conclusion is not too dependable because the resin 
loading method is subject to criticism and most of

(16) J. E. Hawkins, ibid., 54, 4480 (1932).
(17) A. W. Laubengayer, O. B. Billings and A. E. Newkirk, ibid., 

63, 546 (1940).

Fig. 4.—Variations of j ,  the average number of OH bound 
per Ge atom, with H + concentration at various levels of 
total molality: 1, 6 .8 6  m ; 2 , 8.05 to; 3, 10.0 to; 4, 12.0 m.

the germanium solutions used were not in equi­
librium with respect to hydrolysis.

The experimental values of D  obtained for HC1 
solutions are in good agreement with those of 
Sandell11 and Fischer18 which are less complete 
but differ somewhat from those given by Irvine14 
particularly at low HC1 concentrations.

Although the variations_ of log D  against log 
(HC1) are related to l, j  and k as 
d log D / d  log (HC1) = [d log D / d  log (H+)] ¡on +

[d log D / d  log Cl-)art
the unknown values of the activity coefficient de­
rivatives do not permit a complete quantitative 
interpretation of d log D/d log(HCl) in terms of 
solution equilibria. However, the maximum value
4.1 found for the slope of the curve giving log D 
versus log activity HC1 (Fig. 3) near 5.6 to HC1 is 
consistent with the presence of Ge02, possibly 
hydrated, as the main germanium species in this 
solution; the value of d log D/d log |HC1| deduced 
from the equilibrium Ge02 +  4HC1 GeCk +  
2H20  would be somewhat above 4 because of two 
activity correction terms. Confirmation of the 
presence of Ge02 up to 5 to HC1 is found in the 
linear decrease of the Ge02 solubility logarithm 
with the HC1 concentration4-6'19 which suggests 
a salting-out effect. The formation of a series of 
GeCh(0H);(H20)A species, where l increases to­
wards 4 and ]  decreases to low values, with increas­
ing HC1 concentration, accounts qualitatively for 
the observed decrease of d log D/d log JHC1] 
from 4.1 to 0. The constancy of D  at the highest 
HC1 concentrations indicates at least that com­
plete formation of GeCl62- does not take place even 
though the existence of GeCk2- in a solid salt ap­
pears probable.17 The formation of GeCk2- is 
also reported not to take place in liquid anhy­
drous HC1 in contrast with that of SnCk2-20 

The small variation of the distribution ratio up 
to 5 to HC1 appears to be due to the presence of 
another CCh-soluble Ge species. That this species 
is likely to be Ge02 is indicated: the Ge02 solubility 
in CCk was determined as 3.3 X  10-7 to giving

(18) W .  F i s c h e r , W .  H a r r e ,  W. F r e e s e  a n d  K. G. H a c k s t e i n , Angew. 
C h e m .,  6 6 , 1 6 5  ( 1 9 5 4 ) .

( 1 9 )  W . Pugh, J. Chem. Soc., 1 5 3 7  ( 1 9 2 9 ) .

(2 0 ) T .  C .  W a d d i n g t o n  a n d  F .  K l a n b e r g , Naturwiasti 46, 5 7 8  ( 1 9 5 9 ) .
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—5.1 for log solubility Ge02 in CCl4/log solubility 
G e02 in H20 , in fair agreement with —5.5, the 
value of log D extrapolated to zero HC1 concentra­
tion. The slow rise of D with HC1 concentration 
up to 5 m would result from a salting-out of Ge02.

It is of interest to compare the variations of 
distribution ratio and GeCi.i solubility between 9 
and 16 m HC1 as D and iSceCh are related

log D  = A  -  log SGeci( (6)
The experimental values of — log ¿>GeCh as deter­
mined by Brauer4 and Allison21 are plotted in Fig. 3, 
against the HC1 activity. Although the points 
are somewhat scattered, they fall approximately on 
a line parallel to the log D curve as indicated by 
expression 6. These results also confirm that

(21) E. R. Allison and J. H. Muller, J. Am. Ckem. Soc., 54, 2833 
(1932).

GeCh is the extracted species and that the GeCl4 
solution in CCU is ideal.

An exact definition of the nature and stability 
of the chlorogermanium species has not proved 
possible. As OH-  is much more firmly bound to 
Ge than Cl- , measurable substitution takes place 
only in concentrated H+Cl-  solutions where the 
unknown values of the activity coefficients make 
the interpretation difficult. The existence of a 
series of species with similar stabilities further com­
plicates the situation.
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The feasibility of voltammetry and polarography in solutions of a totally non-protonic solvent, sulfur dioxide, has been 
investigated. Apparatus, procedures and orientative work with various inorganic and organic solutes are described for two 
indicating electrodes, the dropping mercury electrode and the stationary cylindrical platinum electrode, and two reference 
electrodes, the mercury calomel pool and the silver-silver chloride electrode. The specific methodological findings are dis­
cussed critically, as are the theoretical aspects and practical effects for the general practice of voltammetry of the non­
existence of a suitable background electrolyte, the possibility of reference electrode polarization, and the presence of a char­
acteristic high solution resistance.

Although non-aqueous media2 have been in­
vestigated as solvents for polarography and, more 
generally, voltammetry, use of a totally non-pro­
tonic solvent has not been reported. Consequently, 
the feasibility of voltammetry in liquid sulfur 
dioxide was studied. Sulfur dioxide was selected 
because of its exceptional effectiveness as a reaction 
medium3-6 in stabilizing free radicals; this would 
permit investigation of the electrochemical behavior 
of free radicals and of the frequent postulation of 
free radical intermediates in the electroreduction of 
organic species.

This paper covers the development of experi­
mental apparatus and procedures, orientative 
studies with various solutes, and exploration of 
certain theoretical problems involved in voltam-

(1) Abstracted from the Ph.D. theses of I. Rosenthal, The Pennsyl­
vania State University, 1951, and J. M. Markowitz, The University of 
Michigan, 1958.

( 2) For example, the excellent studies in acetonitrile (I. M. Kolthoff 
and J. Coetzee, J. Am. Chem. Soc., 79, 870, 1852, 6110 (1957) and in 
ammonia (H. A. Laitinen and C. J. Nyman, J. Am. Chem. Soc., 70, 
2241, 3002 ( 1 9 4 8 ) ;  H. A. Laitinen and C. E. Shoemaker, ibid., 72, 
663, 4975 (1950); A. D. McElroy and H. A. Laitinen, J. Phys. Chem., 
57, 564 (1953».

(3) L. F. Audrieth and J. Kleinberg, “ Non-Aqueous Solvent®,"  
John Wiley and Sons, New York, N. Y., 1953.

(4) G. Jander, “ Die Chemie in Wasserahnlichen Lösungsmitteln,'' 
Springer-Verlag, Berlin, 1949.

(5) J. M. Markowitz, Ph.D. Thesis, The University of Michigan, 
1958.

(6) K. Cruse, Z. Elektrochem., 46, 571 (1940).

metiy in sulfur dioxide. A subsequent paper7 de­
scribes the behavior of triphenylchloromethane.

Discussion
The fundamental experimental requirements for 

successful voltammetry of (a) a reliably responsive 
indicating electrode, (b) a totally non-polarizable 
reference electrode, and (c) the availability of solu­
ble electrolytes with relatively high decomposition 
potentials to serve as background electrolytes and 
provide solutions with appreciable conductivity, 
are only partially satisfied in sulfur dioxide. The 
effects of this situation can be evaluated from the 
following considerations of electrode systems, ob­
served electroactivity of various solutes, and factors 
which may produce error in the determination of 
characterizing potentials, e.g., presence of a large 
migration current component in the limiting cur­
rent, reference electrode polarization and solution 
iR drop.

Electrode Systems.—The dropping mercury 
electrode (DME) is relatively inferior to the 
cylindrical platinum electrode (CPE) under the 
experimental conditions used. Compared to its 
behavior in aqueous solution, the DM E is unstable, 
showing non-reproducible drop-rate changes and 
other unfavorable electrokinetic characteristics; 
frequent clogging or streaming also occurs. Elec-

(7) P. J. Elving and J. M. Markowitz, J. Phys. Chem., 65, 686
(1961).
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trocapillary curves are erratic with doubtful 
maxima and sharp, apparently random discontinu­
ities; the principal difficulty was poor electrode 
stability over the long period of the experiment; 
differences between two electrodes or between the 
characteristics of one electrode before and after 
cleaning are so marked that failure of an electrode 
required termination of a run. The necessity for 
“ renewal”  of the CPE by a.c. is a practical dis­
advantage, as is the greater complexity of the 
theoretical relations involving current, potential, 
concentration and other polarographic variables, 
compared to the corresponding relations for the 
DM E; the nature of the current-potential relation 
also makes difficult the resolution of consecutive 
waves.

Experimentally observed peak potentials and 
currents are reported for the CPE. For the DME, 
the “ half-height potential,”  E^/2, measured at one- 
half of the limiting current is reported; since no 
supporting electrolyte was present, /fh/2 cannot be 
assumed to equal the customary half-wave poten­
tial, Ei/, (cf. subsequent Discussion).

Both calomel-pool and silver-silver chloride 
electrodes were used as reference electrodes; the 
former with the DM E; the latter with the CPE. 
Cruse6 recommends the latter as being better poised 
in sulfur dioxide; both may become slightly polar­
ized in the solutions used (cf. subsequent discus­
sion).

Effect of Absence of a Background Electrolyte.—
Table I is a qualitative summary of the electro­
activity observed for the compounds examined.

No suitable background electrolyte was found. 
From the literature,8 it appears that the number of 
compounds having the correct properties to fulfil 
this function cannot be large; elimination of many 
on the basis of chemical similarity leaves an even 
smaller group to be tested. Investigation of several 
inorganic and organic compounds revealed that sub­
stances with high solubility and low solution re­
sistance, e.g., triphenylchloromethane and tetra-n- 
butylammonium iodide, exhibit large faradaic 
currents at low potentials; highly soluble sub­
stances, which are not easily decomposed, are in­
variably non-electrolytes, e.g., thionyl chloride. 
The consequences of voltammetry in the absence of 
a background electrolyte will, consequently, be 
considered using DME relationships; the results 
are also applicable to the CPE.

In a polarographic electrolysis, the observed 
limiting current, i x, is the algebraic sum of the dif­
fusion current, i and the migration current, im

i l  =  l i  ±  lm  (1 )

The minus sign is applicable if the species under­
going reduction is an anion; the plus sign, if it is a 
cation. Since i m is approximated by the product of 
i'i and the transference number, t ± ,  of the reducible 
ion9

ii =  t d / ( l  = F  ( 2 )

As a first approximation10
(8) P. J. Elving and J. M. Markowit*, J. Chem. Ed., 37, 75 (1960).
(9) I. M. Kolthoff and J. J. Lingane, “ Polarography," 2nd ed., 

Interscience Publishers, New York, N. Y., 1952.
(10) S. Glasstone, “ Introduction to Electrochemistry/* D. Van Nos­

trand Co., Inc., New York, N. Y., 1942.

T a b l e  I
Su m m a r y  o f  V o l t a m m e t r ic  B e h a v io r  o f  V a r io u s  So l u t e s  

i n  L iq u id  Su l f u r  D io x id e “
Solute

Water

Potassium chloride

Potassium bromide

Results
No current production; charging 

current increases with increasing 
water concn.

Two prominent maxima in cath­
odic branch and two waves in 
anodic branch, of which the more 
positive is more prominent

Two waves in anodic branch, simi­
lar to those for KC1

Potassium iodide

Ammonium thiocyanate 
2-Bromopropanoic acid

aba'-Dibromosuccinic acid 
Thionyl chloride

Triethylamine

One prominent wave in anodic 
branch; none in cathodic branch 

One wave in cathodic branch 
No current production except for 

traces in the presence of water 
No current production 
No current production; large in­

crease in charging current in the 
presence of water

No current production; charging 
current increases with increasing 
concn.

Tetra-n-butylammonium iodide An enormous current production in
the cathodic branch resembling 
hydrogen discharge in aque­
ous polarography; visible color 
change due to electrode reaction

Triphenylchloromethane5 One large cathodic branch wave
and two waves in the anodic 
branch

p-Xenyldiphenylehloromethane6 One wave in the cathodic branch
and a possible wave in the anodic 
branch

° Behavior at the DME vs . mercury-calomel pool at —25° 
except for compounds marked with a superscript b . Solu­
tion concentrations were ca . 1  m M ,  except that saturated 
solutions were used for very sparingly soluble compounds. 
b Behavior at the CPE vs . Ag-AgCl electrode at —22.7°.

-f  A C 1/* (3)
where t ± °  is the transference number at infinite 
dilution, A is a constant, whose sign and magnitude 
depend on the nature of the ion, and C is its con­
centration. If the simple Ilkovic equation is intro­
duced, id =  kC, and at a cathode

h  = kC / { 1 =f L=° T  A C 'A )  (4)

where the upper signs refer to a cation reduction; 
for processes at an anode, signs are reversed. 
Therefore, the precise value of i\ depends on the 
magnitude of t± ; its variation with concentration on 
the value of A.

The magnitude of £± and its variation with con­
centration for a specific electrolyte can be approxi­
mated from the Debye-Hiickel-Onsager theory of 
ionic conductance; the calculation will be described 
for triphenylchloromethane, which apparently ion­
izes completely to the triphenylmethylcarbonium 
and chloride ions.11 The transference numbers of 
cation and anion for a uni-univalent electrolyte 
are10

X+o — (0.5 A  +  B K ° ) C '/ i 
+ Ao — ( A  +  BA0)C‘A 

X-° -  (0.54 +  jBX_0)CV>
A» -  (4  +  W

where the constants A  and B are defined by
(11) L. C. Anderson, J. Am. Chem. <Soc., 47, 1674 (1935).
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A  = 82.4 / r ,(D T )l/> (7)
B  =  8.20 X 10«/(DT)»/. (8)

X° is the ionic conductance at infinite dilution; 
A0, equivalent conductance of the electrolyte at 
infinite dilution; D, dielectric constant; 77, vis­
cosity of the solvent; T, absolute temperature (all 
in conventional e.g.s. units). Introducing the 
relevant data12 into equation 6 yields 

0.920 -  3.29C*A 
1 -  4.34(7'A 1 j

The triphenylmethylcarbonium ion transference 
number is then

0.080 -  l.OôCV* 
i+ ~ 1 ~  1 -  4.34CA (10)

The difference in transference number magnitude 
at infinite dilution (0.92 for Cl- ; 0.08 for <t>3C+) 
seems reasonable, considering their relative sizes.

From the derivative of t with respect to d'A, it 
can be seen that for a 20-fold concentration increase 
in the 1 m li  range, corresponding to the present 
experimental conditions, the anion transference 
number will increase about 1% and that of the 
cation will decrease about 12%.

From equation 2 (zd replaced by kC) and its 
counterpart for processes at an anode (signs re­
versed), four separate electrode-ion combinations 
can be distinguished, which, on introducing the 
transference numbers for <f>3C+ and Cl- , have the
forms

(a) Cathode, cation: =  kC /0.92 ( 1 1 )
(b) Cathode, anion: t'i = ¿(7/1.92 ( 1 2 )
(c) Anode, cation: n = ¿C/1.08 (13)
(d) Anode, anion: i i =  kC /0.08 (14)

The magnitude of the denominators shows the dif­
ference between q and id to be appreciable only in 
cases b and d. Only in d does the concentration- 
sensitive cation transference number, 0.08, appear 
alone in the denominator; the other cases involve 
either the almost constant anion transference 
number or the added term, 1. Thus, a small change 
in transference number due to a concentration 
change will markedly affect the current only in 
case d; ix should increase about 12% for a 20-fold 
concentration increase.

Because of the presence in equations 11 to 14 of 
the Ilkovic constant, k, ix must be subject to the 
same instrumental laws as id (with minor qualifica­
tion due to the approximate nature of the classical 
Ilkovic equation); in particular, the quotient, 
q/Zi'A (h =  head of mercury), will be constant and 
independent of h  at a given concentration4 for the 
DME and for a good many other electrode types 
and geometries.

The following general conclusions can then be 
drawn: In the absence of a background electrolyte,

(12) At the experimental temperature of —23°, A and B are calcu­
lated18 to be 248 and 2.68, respectively. Extrapolation of the equiva­
lent conductivity data for triphenylchloromethane at infinite dilu- 
tion18a yields the value of 150 ohms-1. No data could be found for 
ionic conductivities in liquid sulfur dioxide. However, results accu­
rate to a few per cent, can be expected from calculating the transfer­
ence number for chloride ion by Walden’s rule,10 which states that the 
function ij\q is approximately constant in all solvents and independent 
of temperature. Since Xo is 76.3 ohms“ 1 for chloride ion in water10 
at 25° (viscosity =  0.895 centipoise), its ionic conductance in sulfur 
dioxide is 138 ohms "h

¿i is likely to differ considerably from id, unless the 
transference numbers of cation and anion differ 
greatly, in which case, the two processes, anion re­
duced at a cathode and cation oxidized at an anode 
(if they occur), will have limiting currents only a 
few per cent, different from id. The concentra­
tion dependence of i\ is almost linear unless the 
cation and anion transference numbers differ 
greatly; this will result in a non-linear concentra­
tion dependence of one of the processes, anion oxi­
dized at anode or cation reduced at cathode.

Absence of a background electrolyte will affect 
the accuracy of £%  measurement, even after cor­
rection for im on the basis of the approximate treat­
ment given. Measured E>/2 depends to some de­
gree on the slope of the rising portion of the recorded 
i-E  curve; simple correction for im corrects only 
the limiting portion. Therefore, only half-height 
potentials are reported; these differ from E i/ 2 by 
probably a few millivolts.

T a b l e  I I
P O L A R O G R A P H Y  O F  P O T A S S I U M  C H L O R I D E  I N  L I Q U I D  S U L F U R

D io x id e 17
Hg

head,
cm.

/----- Wave !
E h/2, 

v.
i,

fia
-------Wave II------s

Ehh, i, 
v. /¿a* Notes

63 - 0 .0 3 13 a *
63 -  .03 12 a,e

99 -  .02 44 a e b
96 -  .08 25 - 0 .4 9 38 a e b

100 -  .2 9 -  .6 9 a,e

100 -  .2 10 -  .6 40 a,e

100 -  .13 27 -  .96 30 a e b
63 .06 3 .5 1.56 7 .2 f

63 1.62 7.1 f

63 .07 3 .4 f

99 .07 5 .7 1.55 9 .6 f

66 .07 4 .2 1.45 6 .0 f

66 .06 3 .6 1.46 6 .0 f

96 4 .9 1.43 7 .9 f

77 .05 5 .0 1.45 13.0 f

62 .02 4 .3 1.47 9.1 1

100 .02 6 .2 1.43 f

100 .06 6 .0 1.51 17.5 f

100 .04 6 .3 1.45 15.0 f b

70 .05 5 .0 1.48 10.7 f  b

100 .02 7 .0 1.43 15.0 f,c

70 .03 5 .8 1.44 11.1 f  ,c

100 .10 5 .4 1.54 10.4 f,d

70 .02 5 .0 1.46 7 .4 f,d

° Maximum occurs. Tabulated i  and E  for first wave are 
peak values. b About 28 m lf in H20. c About 40 m M  
in H20 . d About 40 mM in H20  and 5 mM in HC1 (added 
as the concentrated acid). e Cathodic branch. !  Anodic 
branch. ° All solutions saturated with KC1 (ca. 5 mM) and 
run at —25°, using the DME vs. the mercury-calomel 
pool.

Effect of High Solution Resistance.— Solution 
resistances in S02 exceeded 5K ohms and frequently 
were as high as 50K ohms, resulting in iR correc­
tions of the order of several hundred millivolts and 
necessitating more precise resistance measurement 
than is ordinarily the case in polarography.

If maximum currents are used, the resistance 
must be measured at the corresponding point. 
Detecting final bridge balance just before the drop 
separates from the DME capillary requires an
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T a b l e  III
POLAROGRAPHY OP KI, N H 4S C N  AND KBr IN LIQUID SULFUR D iOXIDe "

----------Wave I—
Solute Concn., m l Temp., °C. Hg head, Cm. Eh/2, v. i, Eh/2, v. i , ¡xa. Notes

KBr 67 -2 5 80 0.09 1.8 1 . 7  2 . 4 a, d
KI 60 -3 0 .25 90

29 - 3 3 .30 72 a
.28 78 a
.16 80 a
.18 86 a

75 a
75 a

NH4SCN 3.3 - 2 5 65 -0 .5 8 49 b, c
-  .65 39 b
-  .47 23 13 - 2 . 4 b, e
-  .47 22 b
-  .47 22 b

a Anodic branch. 6 Cathodic branch. c No waves observed in anodic branch. d No waves observed in cathodic branch.
e Only case in which two waves were observed for this solute, 
using the DME !'S. the mercury-calomel pool.

Mercury head was not recorded for this solute. a Run

unusual degree of personal judgment, which 
may cause an error in E,/, of several milli­
volts, if solution resistance is about 10K ohms and 
the current exceeds 10 jna. This difficulty is not 
encountered with the CPE; the effect of high 
solution resistance is here related to the theory of 
the method,14 and is considered in the study of tri- 
phenylchloromethane.7

Electroactivity of the Alkali Halides.— Data 
(Tables II and III) on the electrolysis at the 
DME of several alkali halides and a pseudohalide, 
were gathered during apparatus development, and 
should only be considered as semiquantitative.

The most extensive study was of KC1 in satu­
rated solution (about 5 i r i i  at 0°). The curves 
had the ragged appearance mentioned earlier with 
indifferent current reproducibility; Eh/ 2  shows 
little variation. In the cathodic curve, a large 
maximum occurs at ca. —0.1 v., and a very poorly 
defined wave at ca. —0.6 v . ; heights of both are 
profoundly affected by the addition of water. 
Since both are also observed before adding water, it 
is possible that the KC1 used contained a minute 
amount of water. Cathodic waves were not ob­
served for any other alkali halide; polarography of 
water by itself leads to no electroactivity. These 
facts suggest interaction between KC1 and water in 
S02. Two anodic waves occur at ca. 0.05 and 1.45 
v .; the more positive is twice the height of the 
other. Current reproducibility was insufficient to 
permit precise determination of its proportionality 
to h!/*, although lower currents do correspond to 
lower mercury heads. Water and HC1 (added as 
the concentrated acid) had little effect on either 
current or Eh/2-

KI shows one anodic wave (ca. 0.25 v.) and KBr 
two (ca. 0.1 and 1.68 v.). The behavior of the three 
halides is thus consistent with their chemical 
activity; the first anodic wave occurs at 0.05, 0.1 
and 0.25 v. for KC1, KBr and KI, respectively, and 
the second at 1.45 and 1.68 for KC1 and KBr, 
respectively (a second KI wave would occur at a 
higher potential than was available). These waves

. (13) (a) N. N. Lichtin and H. P. Leftin, J. Phys. Chern., 60, 160 
(1956); (b) G. P. Luchinskii, J. Phys. Chem. (USSR), 12, 280 (1938); 
(c) A. L. Vierk, Z. anorg. Chem., 261, 279 (1950).

(14) M. M. Nicholson, J. Am. Chem. Soc,, 76, 2539 (1954).

may result from a process similar to that postulated 
in the case of triphenylchloromethane,7 i.e., per- 
halide formation, but the available evidence is 
inconclusive.

NH 4SCN behaves unlike the alkali halides; it 
gives two cathodic waves at ca. —0.5 and —2.4 v.; 
the latter was only observed once. The consistent 
decrease in current magnitude (all runs were made 
in the same solution over a period of several days) 
may indicate a reaction, e.g., with the cell mercury, 
which slowly decreases the NH 4SCN concentra­
tion.

Electroactivity of Other Solutes.—2-Bromopro- 
panoic acid (Table I) showed no activity; there 
was some indication of a current-producing process 
when a small amount of water was added. The 
need for water for electrochemical reaction is 
emphasized by the absence of reaction in dibromo- 
succinic acid. Unlike the 2-bromoalkanoic acids, 
which undergo a substitution reaction (H for Br) 
at an electrode in aqueous solution,15 dibromosuc- 
cinic acid undergoes an elimination reaction, split­
ting out Br.16

With BU4NI, as soon as electrolysis commenced, 
an enormous cathodic current was produced and a 
deep wine-red color appeared, which soon obscured 
the DM E tip. Iodine is wine-red in liquid sulfur 
dioxide, but it is difficult to account for its electro­
chemical formation; Bu4NI itself is colorless. 
Formation of a solvate, (BuiN^SCh)*, which is 
electrochemically reasonable, may account for the 
color.

The necessity for keeping solutions perfectly dry 
was perhaps unduly emphasized in the present 
work. In many cases, trace quantities of water 
had no adverse effect on the quality of the data. 
In precise conductivity measurements on sulfur 
dioxide solutions, a high standard of dryness must 
be maintained, but it appears that this is not always 
the case in voltammetry. Relaxation of the dry­
ness requirement would allow modification of the 
apparatus to permit greater experimental con­
venience.

(15) P. J. Elving, J. M. Markowitz and I. Rosenthal, J. Electro- 
chem. Soc., 101, 195 (1954).

(16) P. J. Elving, I, Rosenthal and A. J. Martin, J. Am. Chem. <Soc., 
77, 5218 (1955).
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Reference Electrode Polarization.—The con­
tingency of concentration polarization17 of the 
reference electrode is seldom considered in conven­
tional polarography since stability of reference 
electrode potential is readily ensured by introducing 
a large excess of an electrolyte, to one of whose ions 
the electrode is reversible, and by passing only 
small currents through the cell. There are several 
reasons for considering reference electrode polariza­
tion: no discussion of the effect on polarograms of 
such polarization is apparently available in the 
literature; Cruse6 has reported related effects on 
the potentials of certain electrodes, including the 
calomel, in liquid sulfur dioxide; the ideas de­
veloped will be helpful in interpreting some features 
of the potential data.

In absence of a background electrolyte, a solute 
ion will evidently participate in the reference elec­
trode reaction, causing the latter’s potential to be 
concentration-dependent. Consider the Ag-AgCl 
electrode as anode in the polarographic cell

In /C +, Cl-/AgCl/Ag (15)
where In is an indicating electrode at which the 
cation C + is being reduced.
The chemical reaction at the reference electrode is 

Ag +  C l- =  AgCl +  e (16)
Since the reversible potential for this half-cell is 

E  =  E °  +  ( R T / F ) In acr (17)

an increase in solute activity (or concentration) will 
cause the electrode potential to become more posi­
tive, and will widen the gap between reference and 
fixed (negative) cathode potentials (Ey, for the 
C + reduction is experimentally nearly always in­
dependent of concentration). A plot of measured 
Ei/, vs. In concentration should show a positive 
slope of RT/F; this would also be true for an analo­
gous anodic process.

If concentration polarization can occur, a more 
subtle process will occur during the recording of 
each polarogram. Consider the same cell with the 
reference electrode as anode. At any point on the 
polarographic wave for a solution of Cl-  activity 
a without concentration polarization, the applied 
potential

E ,Pp =  E in -  [E ° +  (R T / F )  In o] +  iR  (18)
where Fj„ is the assumed fixed cathode potential 
corresponding to the rate of discharge of reducible 
ions measured by the current i, and R is the solution 
resistance. Concentration polarization correspond­
ing to i will decrease the surface concentration at 
the anode to a '; the actual applied potential is 
then

E w p ' =  E , a -  [E ° +  (R T / F )  In a'\ +  iR  (19)

The difference indicates the concentration polariza­
tion

A#p =  A.Pp' -  E w p =  ( R T / F )  In (a / a ')  (20)

Since a' <  a, AEp is positive. Thus, concentration
(17) Concentration polarization is generally defined as the change in 

electrode potential caused by local concentration changes near the elec­
trode surface during the passage of current. If the current passed is suf­
ficiently large and the rate of diffusion of electroactive species to or from 
the electrode surface sufficiently slow, the surface concentration will be 
sufficiently different from that in the bulk solution to cause an ap­
preciable shift in potential.

polarization effectively augments the (negative) 
applied potential at every value of the current; 
Ei/, measurements based on the applied potential 
will therefore be low by the magnitude of the polari­
zation. If the reference electrode functions as a 
cathode, the mathematical description is similar, 
except that AEp is negative since now a' >  a; how­
ever, the applied potential is now positive, and con­
centration polarization leads again to a diminution 
of the measured potential with respect to the true 
potential throughout the wave.

Additional information about the magnitude of 
the concentration polarization may be obtained by 
assuming a linear concentration gradient at the 
reference electrode-solution interface, i.e.

i  =  K ( a -  a ' )  (21)
where K  is a constant depending on electrode area, 
C l- diffusion constant and diffusion layer thickness, 
and a' is the surface activity of Cl- . Substitution 
into equation 20 gives

A E P =  — (R T / F )  In [1 -  ( i / a K ) ]  (22)
By expanding the logarithm in Taylor’s series and, 
since the polarization is assumed small, retaining 
only the first term, the polarization is approximately 

AAP =  iR T / a K F  (23)
Thus, for small polarization effects, the polariza­

tion is directly proportional to the current; in a 
given polarogram, distortion of the wave from this 
effect becomes progressively greater up to i\. A 
background electrolyte increases a without a cor­
responding increase in i, thus suppressing the 
polarization. Since i at Ey, is proportional to a, an 
increase in concentration of electroactive material 
will not affect the extent of polarization at Ey,; 
consequently, concentration polarization at the ref­
erence electrode cannot be detected from the 
variation of Ey, with concentration.

Concentration polarization at the reference elec­
trode may also be kinetically controlled, related, 
e.g., to the slowness of the solute dissociation proc­
ess. In this situation, the argument would be the 
same except that K  would be interpreted as pro­
portional to the rate constant for the forward reac­
tion in

C X ^ ± l C + +  X -  (24)

Means for distinguishing between these possi­
bilities are not available from the present data; 
addition of an indifferent salt to the C X  solution 
would reduce polarization whether it derives from 
kinetic or diffusion effects.

Experimental
Materials.—Anhydrous grade sulfur dioxide (Matheson; 

stated purity: 99.988%; stated impurites: 0.002% lf20 , 
0.010% non-condensable gases) was treated to remove H20 , 
SO, and non-condensable gases. S02 from tank O (Fig. 1) 
is bubbled through concentrated sulfuric acid in  va cu o  (M) 
(safety trap N protects tank from accidental acid surges), 
passed through two 2 X 45-cm. columns (L) containing 
P20 6 suspended on glass wool, and condensed in storage trap 
K, containing a few grams of P20 5 and cooled by a saturated 
Dry Ice-2-propanol bath; K has a flat, enlarged bottom 
which permits mixing of condensed S02 and P20 6 by the 
sealed-in-glass impeller of a magnetic stirrer. When suffi­
cient S02 has been condensed, the bath is removed and 
the S02 is allowed to warm up under rapid stirring until its 
vapor pressure equals atmospheric pressure. The first
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portion of vapor to distil at this pressure is discarded via  the 
blowoff system (J, P); the middle fraction is transferred by 
vacuum distillation to the appropriate spot in the apparatus 
for utilization in measurement; the last few ml. are dis­
carded. Purity of S02 thus obtained was checked by its 
vapor pressure-temperature relation from —40 to —10°; 
agreement with literature data18 was excellent.

Oil-pumped nitrogen (Linde; specified to contain less 
than 0.03% H20 ) was dried by passage over Drierite and 
P2O5. Mercury was chemically purified, dried and triple 
distilled. Reagent grade inorganic compounds were suit­
ably dried. Apiezon M stopcock lubricant and Dow-Corn- 
ing high vacuum stopcock grease were used to lubricate 
stopcocks and standard taper joints.

Triphenylchloromethane (I) and p-xenyldiphenylchloro- 
methane (I I )  had been synthesized at the University of 
Michigan. I, recrystallized from 70:30 benzene-AcCl and 
then from petroleum ether (75° fraction), gave white crystals 
(m. 111-112°; lit. 111-113°). II, crystallized several times 
from benzene-AcCl and then washed with petroleum ether, 
gave white crystals, which decomposed to a red oil at 135- 
140°. Tetra-re-butylammonium iodide was provided through 
the courtesy of Dr. P. A. S. Smith. 2-Bromopropanoic acid 
and thionyl chloride were Eastman Kodak white label. 
m eso -a ,a'-Dibromosuccinie acid was synthesized.17

Gas-Handling System.—The glass vacuum line (sche­
matically shown in Fig. 1) consists of a pumping section 
(A-C), a purification section (K-O), a main manifold with 
attachments, and a vent system.

_ Evacuation is accomplished with a two-stage mercury 
diffusion pump B (fore-pressure provided by mechanical 
pump A). After prolonged use, virtual leaks developed 
due to the slow release of strongly adsorbed SO2 from the 
main manifold glass surface, resulting in a slow pressure rise 
on stopping the pumps; since this is due to the experimental 
material, the effect is not important. Cold traps C protect 
pump A and prevent distillation of mercury into the main 
manifold, which is a 2 X 120-cm. tube connected through a 
large stopcock to the pumping section; the opposite end has 
a 24/40 outer joint for the DME cell. Pressures are meas­
ured with McLeod gauge D (H. S. Martin Co.) and mercury 
manometer E.

A vent system allows for safety, and pressure regulation 
and manipulation. The bio woff s are mercury U-tube manom­
eters; the mercury height can be adjusted by a leveling 
bulb connected to a T-seal at the U bottom. The U-tube 
arm sealed to the vacuum line is at least 76 cm. and contains 
a check valve or trap. The vent arms are connected via  
manifold P to a hood. Liquid S02 was disposed of by allow­
ing it to distil off as a gas via  the blowoff system, using a 
mercury level of about 1 cm. as a seal.

Dropping Mercury Electrode.—The most satisfactory cell 
(Fig. 2A) is a 2.5 X  20-cm. tube, whose lower portion is 
enlarged to 5-cm. diameter and is flattened except for a 
slight center bulge; the top is an outer 29/42 joint for at­
taching the cell head; a capped tube, joined just above the 
enlarged portion, is used for introducing solid solutes; a 
narrower tube, similarly joined, is closed near the top with a 
capillary-bore stopcock, whose end is capped with a serum- 
bottle rubber stopper, through which liquid solutes are added 
v ia  a long hypodermic needle.

The head is a glass tee, whose 24/40 side joint fits the 
vacuum manifold (I, Fig. 1); the lower joint fits the cell 
top; the upper 19/38 outer joint holds the DME. A 6-mm. 
glass tube running downward from a point near the center 
of the cross is closed at the other end by sealing in a short 
length of platinum wire; the latter is less than a millimeter 
from the cell bottom; filling this tube with mercury provides 
contact to the pool electrode.

The DME, constructed of capillary tubing, drawn to a 
fine lumen and cut at a point beyond the narrowest section,2 
is sealed to a tube of the same outside diameter (8 mm.), 
which is ring-sealed through a 19/38 inner joint and con­
nected to a mercury reservoir by Tygon tubing.

Cylindrical Platinum Electrode.—The CPE cell (Fig. 2B) 
is constructed from a 100-ml. Pyrex graduated cylinder by 
closing the lower end with a test-tube bottom and sealing a 
24/40 outer joint to the upper end. A side tube terminates 
in a stopcock and a 14/35 outer joint for attachment to the

(18) R. T. Sanderson, “ Vacuum Manipulation of Volatile Com­
pounds»’ ' John Wiley and Sons, Inc., New York, N. Y., 1948.

Fig. 1.— Schematic diagram of vacuum line apparatus for 
voltammetry in liquid sulfur dioxide: A, mechanical pump; 
B, diffusion pump; C, cold traps; D, McLeod gauge; 
E, absolute mercury manometer; F, nitrogen dryer; G, 
nitrogen cylinder; H, utility outlet; I, cell assembly for 
dropping mercury electrode; J, blow-off manometer; K, 
sulfur dioxide purification trap; L, phosphoric anhydride 
tubes; M, sulfuric acid bubbler; N, safety trap; O, sulfur 
dioxide cylinder; P, blow-off vent system.

Fig. 2.— Cell assemblies for use with liquid sulfur di­
oxide: A, dropping mercury electrode; B, cylindrical
platinum electrode,

manifold (H, Fig. 1). The engraved volume scale is cali­
brated.

The electrode assembly is built around a 24/40 inner joint. 
The indicating electrode is a 1.5-cm. X 1.10-mm. platinum 
tube, sealed into the end of an 8-mm. tube ring-sealed in the 
cell cap and coated at its lower end with a small Pyrex glass 
bead to eliminate end effects and to make the electrode ge­
ometry cylindrical.16 The Ag-AgCl reference electrode is a 
10-turn silver wire helix upon whose surface AgCl is de­
posited electrolytically.13 A sufficiently long length of 
silver wire is left and is brought out through the capillary in 
the cell cap; the space is filled with Apiezon Wax W to make 
the cap vacuum-tight.

Temperature Control.— DME curves were run at —15, 
— 25° or as specified, using 2-propanol-Dry Ice baths, which 
were manually controlled via  frequent temperature checks 
and Dry Ice addition. CPE curves were run in the equilib­
rium liquid-solid CCL bath of —22.6°, which was brought 
to temperature by adding liquid nitrogen. Both baths were 
kept in well stirred 5-1. Dewar flasks; temperature variation 
was ± 0 .3 °  for manual control (with more attention, better 
control was achieved) and less than ± 0 .1 °  for the CCL bath.

Instrumentation.— Current-potential curves were re-

(19) R. G. Bates, “ Electrometric pH Determinations," John Wiley
and Sons, Inc., New York, N. Y., 1954.
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corded by a Sargent Model X X I polarograph; trial runs 
utilized the full 6 v. of available potential both positively and 
negatively compared to the reference electrode. Because of 
the high solution resistance, the potential actually applied at 
the indicating electrode in the presence of large current flow 
was possibly no more than a volt or so. The charging cur­
rent was generally of the order of a microampere. Solution 
resistance was measured with a Jones-type conductivity 
bridge (estimated error: ±0 .1 % ).

DME Procedure.—About 5 ml. of mercury was added to 
the thoroughly dried cell; 0.5 g. of prepared calomel was 
placed on it. The entire system was evacuated for an hour 
at the lowest available pressure; S02 was then condensed in 
K (volume of 30-70 ml.) and distilled into a graduated cylin­
der at H. The cold bath was removed from the latter and 
the S02 allowed to warm up to the temperature of the sub­
sequent electrical measurements; after noting the liquid 
volume, the S02 was distilled into the cell.

The cell was warmed to operating temperature; the pres­
sure in the system raised to a value slightly greater than 
atmospheric by admitting dry N2, regulated by the main 
manifold blowoft; the cell cap removed to permit rapid 
introduction of a solute sample (1-100 mg., weighed directly 
in a short melting point tube) and the DME (care was taken 
to insure a vacuum-tight seal). The N2 supply was shut 
off, and the system flushed several times with S02 vapor, 
using the mechanical pump to reduce the pressure (care 
needed to avoid flashing some condensed S02 into vapor).

An alternative procedure for removing N2 was to freeze 
the solution with liquid nitrogen and evacuate the system 
to a very low pressure. For volumes of a few ml., the freez­
ing procedure is much preferred; the freezing of large 
volumes, e .g . , 50 ml., is inconvenient. Because of possible 
flashing of the liquid due to the large temperature gradient

during cooling and the danger of mechanical and thermal 
shock, particularly to the metal-glass seals, it w'as found that 
the flushing procedure is superior, especially if account is 
taken of the loss of solvent (c a . 1 ml.) by either returning the 
lost solvent to the cell by distillation from the pump trap or 
estimating the amount lost and correcting the concentration.

After N2 removal, several polarographic electrolyses were 
made at each solute concentration and the electrical re­
sistance measured.

CPE Procedure.—The cell was attached to H, the system 
thoroughly pumped out, S02 distilled directly into the cell, 
and N2 introduced at slightly greater than atmospheric pres­
sure. The cell was momentarily opened to introduce thè 
solute, the N2 shut off and removed by careful flushing, and 
the cell brought to operating temperature. Both stopcocks 
connecting cell to manifold were closed, and the entire cell 
assembly removed and placed in a constant temperature 
bath. On reaching temperature equilibrium, the solution 
volume was read and electrical measurements made. For 
dilution or addition of more solute, the cell was replaced on 
the vacuum line and the procedures described repeated.

Voltammetric curves were recorded with “ renewal” of 
the solid electrode surface after each electrolysis by use of a 
moderate frequency alternating current16; the “ renewal,” 
utilizing the 1000-cycle signal generator of the resistance 
bridge, was incorporated into the cell resistance measure­
ment which followed each electrolysis. Often, “ renewal” 
treatment periods of 0.5 hr. or more were necessary to secure 
reproducible curves.

Acknowledgment.—The authors wish to thank 
the U. S. Atomic Energy Commission and the 
Office of Naval Research which helped support the 
work described.

VOLTAMMETRY IN LIQUID SULFUR DIOXIDE. II. BEHAVIOR OF 
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The voltammetric and polarographic behavior of triphenylchloromethane in liquid sulfur dioxide has been investigated, 
using the stationary cylindrical platinum electrode and the dropping mercury electrode; results with the latter are unsatis­
factory due to reaction of mercury with the solute. Triphenylchloromethane gives one cathodic wave and two anodic waves, 
the more positive of the latter two being larger. The cathodic wave represents the reduction of triphenylmethyl cation to 
triphenylmethyl. The larger anodic wave is likely due to oxidation of the undissociated solute to the perchloride. No 
definite assignment can yet be made for the less prominent anodic wave. The fit of the data to Nicholson’s equation for the 
cylindrical platinum electrode and the effect of high solution resistance on such data are discussed.

Since one of the objectives which led to the eval­
uation of liquid sulfur dioxide as a polarographic 
and voltammetric medium was the desire to study 
free radicals, which are often stable in that medium, 
the behavior of triphenylchloromethane was in­
vestigated at the stationary cylindrical platinum 
electrode, CPE, and the dropping mercury electrode, 
DM E; the Ag/AgCl reference electrode was used 
with the former; the calomel pool electrode with 
the latter. The background for such study has 
been presented.1

Behavior at the Cylindrical Platinum Elec­
trode.—The behavior of triphenylchloromethane 
at the CPE can be interpreted in terms of the 
theory developed for such an electrode2; the equa­
tion for the current-potential curve is

(1) P. J. Elving, J. M. Markowitz and I. Rosenthal, J. Phys. Chem., 
65, 680 (1961).

(2) M. M. Nicholson, J. Am. Chem. Soc.t 76, 2539 (1954).

i  =- l '475 W J fT 'h  A D 'U C v 'h f , (1)

where n is the number of electrons per molecule 
electrolyzed; A  the electrode area, cm.2; C the 
solution concentration, moles/cm.3; D the dif­
fusion coefficient, cm.2/sec.; v the polarization rate, 
i.e., the rate of change of applied potential, v ./sec.; 
and a numerically derived function which meas­
ures the concentration gradient at the electrode sur­
face and depends on the variables (,D/nv)'^/r0 

and nF{E  — Ei/,)/RT, where r0 is the electrode 
radius in cm. and E  the applied potential.

Equation 1 and the relations2 of \J/ vs. E  for vari­
ous values of E predict a i-E  curve for cylindric dif­
fusion of form 1 in Fig. 1A.3 The peak current, 
*p, is directly proportional to concentration; Ei/t

(3) The data used in deriving this theoretical curve were the 
following: A, 0.52 cm.2; D, 1.6 X 10 “5 cm.2/sec.; 3 .6  m v./sec.; 
T, 250°K.; r, 0.055 cm.; and E 1/2, —0.18 volts.
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T a b l e  I
V o l t a m m e t r y  of T r ip h e n y l c h l o r o m e t h a n e  in  L iq u id  Su l f u r  D io x id e “

Concn.,
mM Up,

V .

— Wave 1--------
ip»

M a . ip/C
' Ev,

V .

—Wave II-----
ip,
M a . ip/C

Resistance,
ohms Notes

Cathodic branch
0.104 -0 .2 2 4.1 39 46,100

.121 -  .25 4.8 39 41,400

.140 -  .22 5.3 38 36,900

.179 -  .27 6.8 38 31,800

.255 -  .25 9.7 38 23,100
1.57 -  .40 56 36 7,450
1.62 -  .46 66 41 7,310 6
1.91 -0 .0 7 4 23 52 — .55 74 6,480 b,c,d,e

1.91 -  .086 26 59 -  .48 56 5,660 b,e,d.e

Anodic branch
0.104 0.69 0.45 4.3 1.38 6.6 64 46,700

.121 .70 .51 4.2 1.38 7.8 64 41,500

.140 .67 .63 4.5 1.37 9.5 68 37,000

.179 .71 .90 5.0 1.30 11 63 32,300

.255 .65 1.2 4.5 1.28 17 66 23,600
1.57 1.60 105 67 7,420 f
1.62 1.70 126 78 7,210 b

1.91 1.82 150 80 5,850 b,c

“ Cylindrical platinum indicating electrode and Ag-AgCl reference electrode at —22.6°. Values are averages of from 2 to 5 
runs. Peak potentials are corrected for iR  drop. 6 Solution is 2.3 mM in LiCl. c Solution is 0.44 mM  in p-xenyldiphenyl- 
chloromethane. d Results fell into two groups at this concentration. Since they differed markedly, averages of both are 
presented. • No attempt was made to resolve the current of the seccnd wave for reasons explained in the text. Values of 
iP for wave II in the runs at 1.91 mM  represent the total current for both waves. 1 First wave disappears.

can be calculated from ip, using the \p function and 
the curves relating it to potential.

A typical cathodic polarogram for triphenyl- 
chloromethane at the CPE in sulfur dioxide, with­
out and with iR drop correction, is generally similar 
in shape to the theoretical curve (Fig. 1A). The 
vertical agreement of peak positions is less conclu­
sive than it appears. The peak height is dependent 
on the choice of D; in the absence of literature 
values, D was deliberately picked to bring the peaks 
into coincidence, in order to emphasize that the im­
portant difference is in curve shapes, which pre­
sumably results from the high solution resistance 
due to the absence of a background electrolyte. 
The value of Ei/t used was determined by succes­
sive approximation; the other data are experi­
mental and instrumental.

The disparity in the curve shapes is due to the 
theoretical results2 being derived for constant v; 
in the present work, the rate of potential increase 
at the electrode is not uniform in spite of a uniformly 
increasing potential because of the substantial iR 
drop. Since the current changes nonuniformly 
during an electrolysis, the iR correction changes 
similarly, e.g., consider the applied potential to be 
distributed between electrode and solution iR

E s , p p  =  Ecfe +  iR (2)
d E B pp  die PE . p à i

d t  ~  d t  ^  d t
(3)

dI?CPE n  df dU»pp
di d< 1 di (4)

Evidently, v equals the rate of change of applied 
potential only when R is negligible (corresponding 
to the theoretical curve) or when di/dt =  0, i.e., 
at the peak.

Quantitative interpretation of the non-constancy

0 -0 .2  -0 .4  0 -0 .2  -0 .4  -0 .6
Potential, volts.

Fig. 1.— Current-potential curves at a stationary cylindri­
cal electrode. (A) One electroactive solute present: (1) 
theoretical curve; (2) experimental curve; (3) experimen­
tal curve, corrected for cell iR  drop. (B) Two electroactive 
solutes present: (1) hypothetical curve for p-xenyldiphenyl- 
chloromethane alone; (2) experimental curve for triphenyl- 
chloromethane alone; (3) hypothetical composite curve for 
triphenylchloromethane and p-xenyldiphenylcbloromethane.
of v poses a difficult mathematical problem. Since 
the use of Nicholson’s relations for calculating 
Ei/t is consequently a doubtful procedure and 
since it is difficult to estimate D for the solutions 
used, no general attempt was made to calculate 
Ei/, from the CPE data. Instead, experimental 
peak potentials are reported. Aside from possible 
reference electrode polarization which would not 
be sufficient to influence the data significantly, Ep 
is only slightly concentration-dependent.

Effect of Addition of Other Substances.— 
Figure IB shows the effect of adding a second sol­
ute, present in lower concentration and reducible 
at less negative potential (Table I runs with
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Fig. 3.—Peak potential vs. the logarithm of total chloride 
ion concentration for the cathodic wave and for the more 
prominent anodic wave of triphenylchloromethane. For the 
data pertaining to 1.62 and 1.91 mill triphenylchloro­
methane, the chloride concentration includes contributions 
from the dissolved LiCl and p-xenyldiphenylchloromethane.

p-xenyldiphenylchloromethane present). Curve 
3 is the hypothetical sum of polarograms 1 and 
2 for each individual solute. The total ip is not 
the sum of peak currents for each solute; it is im­
possible from the composite curve alone to resolve 
the individual peaks. However, Ep of the com­
posite curve corresponds to the more negative Ep 
of the individual curves; the slight bulge on the 
steep portion of the composite curve corresponds to 
the less negative individual peak.

Figure 2 shows the appearance of anodic polaro­
grams with two widely spaced peaks.

The constancy of i/C over a fifteen-fold concen­
tration range for both cathodic and anodic waves 
(Table I) is in accord with the theoretical linear 
dependence of ip on concentration.2

Ep varies linearly with log of total Cl-  concentra­
tion (including contributions from LiCl and p- 
xenyldiphenylchloromethane), corresponding to the 
normal behavior of the reference electrode1 (Fig.
3). The cathodic and anodic wave slopes are 0.016 
and 0.027, respectively; the theoretical slope is 
0.048 (the near ratio of the preceding numbers to 
1:2:3 is fortuitous; n in RT/nF can only be 1 for 
the Ag-AgCl electrode).

Nature of Wave-producing Processes at CPE. 
Cathodic Processes.— In agreement with the re­
sults of some early electrolyses of triphenylbromo- 
methane,4 the cathodic wave can be assigned to re­
duction of the triphenylmethyl cation

(C e iL h C 4- +  e -  =  (C 6H 6)jC  (5 )

No other reducible entity exists in the solution aside 
from the solvent itself, reduction of which would 
not lead to a limiting current. More importantly, 
production of a similar wave by p-xenyldiphenyl- 
chloromethane at a slightly less negative potential 
supports the assignment. The explanation6 of the 
electrical conductivity of hexaphenylethane solu­
tions in terms of an equilibrium between triphenyl­
methyl cation and triphenylmethyl has recently 
been refuted6; the latter work, however, does not 
preclude the coexistence, at least temporarily, of 
these two species.

Anodic Processes.—Assignment of the anodic 
waves is more problematical. Several arguments 
militate against the obvious possibility that the 
larger, more positive wave results from oxidation of 
chloride ion: (a) In a solution without background 
electrolyte, the limiting current function, i/C, for 
an anion being oxidized at the anode, when the 
transference number of the anion is much larger 
than that of the cation, should increase about 12% 
over the concentration range of Table I 1; no such 
increase is observed (the last pair of concentration 
points, for which the current function is higher than 
the average, pertain to solutions containing sub­
stantial additions of other solutes), (b) The plot 
of Ep vs. log [Cl~] (Fig. 3) is linear within experi­
mental error; consequently, the peak potentials 
accurately reflect [Cl- ]. If Cl-  were being oxi­
dized, the limiting current function should reflect the 
same increase, e.g., i/C for the solution 1.62 m l  in 
triphenylchloromethane and 2.3 m l  in LiCl, should 
be about 66 (the average value for the preceding 
concentration points) whereas it actually is about 
38. (c) No evolution of chlorine gas was observed
at the anode, even during very long (several hours) 
electrolyses.

If oxidation of chloride is rejected as the anodic 
phenomenon producing the more positive wave, 
several possibilities remain, none of which seem com­
pletely satisfactory. The oxidizable species pres­
ent in addition to chloride are the undissociated

(4) W. Schlenk, T. Weickel and A. Herzenstein, Ann., 372, 1 
(1910).

(5) L. C. Anderson, J. Am. Chem. Soc., 57, 1674 (1935).
(6) H. P. Leftin and N. N. Liohtin, ibid., 78, 2475 (1957).
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triphenylchloromethane and the triphenylmethyl 
radical and anion, produced by the processes

2Ag 4- 2ifoCCl — 03C—C<fo 3AgCl (6)

0 a C - C - 2(foC- (7)

03C—̂tfiCi — 0SC+ 4- faC~ (8)

Reaction 6, a normal heterogeneous reaction, is 
likely to be very slow (the source of Ag is the ref­
erence electrode); consequently, the amount of 
radical or anion in solution must be very small.7 
Consequently, while the smaller anodic wave may 
be due to reduction of radical or anion, another 
explanation is required for the larger wave.

The most likely cause is oxidation of undis­
sociated triphenylchloromethane, followed by reac­
tion of the oxidation product with Cl -  to form a per- 
chloride. Both inorganic and organic perhalides are 
well known; the alkali perhalides occur as M X 3 and 
MXg (there is some doubt about the true molecular 
nature of higher perhalides) with the anion com­
posed of either a single or a mixture of halogens. 
Assuming formation of a simple perhalide, the 
following reaction scheme may be postulated

0,CCI =  0.CC1++ 4- 2e (9)

&CC1++ 4- 2C1- =  0»CCh (10)

Identification of the reaction product in a voltam- 
metric electrolysis is not normally possible because 
of the minute current densities used. Attempted 
identification of the postulated triphenylmethyl 
perbromide after electrolysis of triphenylbromo- 
methane at high current densities was uncertain.4 
Thus, assignment of the oxidation wave to perhalide 
formation has yet to be positively established.

On the other hand, the assignment fits the vol- 
tammetric results very well. The resulting current 
function should be independent of the total [Cl~] 
to the extent that Cl~ enters the reaction at the 
electrode (equation 10) in an amount stoichio- 
metrically equivalent to the triphenylmethyl cation. 
The small increase in the current function on LiCl 
addition is also explicable. If triphenylchloro­
methane is completely dissociated in sulfur di­
oxide,6 the proposed mechanism requires that the 
rate of association be rapid compared with the 
electrode reaction rate, otherwise the former would 
be rate controlling. Therefore, undissociated tri­
phenylchloromethane probably exists only in the 
immediate neighborhood of the electrode, and the 
diffusing species consist of the cation and anion. 
Consequently, migration effects from both cation 
and anion contribute to the limiting current, ih the 
cation subtracting from it and the anion adding to 
it in a complicated manner. The transference 
numbers previously calculated1 probably do not 
apply directly to the present situation, since cation 
and anion are required by the reaction stoichi­
ometry" to react at the electrode in equivalent 
amounts. Chloride ion may be carrying more than 
its share of current, since the cation is being forced,

(7) The possibility that reaction 6 went to completion in the experi­
ments described, resulting in the complete consumption o; triphenyl­
chloromethane, is contradicted both by the potential data, which 
Bhows the presence of chloride ion in constant amount at each concen­
tration, and by the solution resistances, which are constant at each 
concentration and decrease with each solute addition.

as it were, to move upstream. The net effect 
would be to reduce the magnitude of iy. Addition 
of LiCl would then be equivalent to adding a small 
amount of background electrolyte to the solution, 
thus increasing the current slightly.

One feature of the anodic data remains unex­
plained: If the small wave is assigned to oxida­
tion of triphenylmethyl free radical, the reason for 
its disappearance at higher concentrations is not 
obvious.

The failure to detect an oxidation wave for p- 
xenyldiphenylchlorcmethane is likely due either to 
its being masked by the large triphenylchloro­
methane wave or to its appearing at a potential 
greater than that available.

Behavior at the Dropping Mercury Electrode.—  
Triphenylchloromethane polarographic waves were 
for the most part clear and relatively free from the 
irregular drop behavior generally exhibited1 by the 
DME in S02 and conformed more closely to con­
ventional polarographic wave forms. However, 
the data for series of runs at different concentra­
tions and mercury heights were not entirely satis­
factory, e.g., currents did not vary linearly with con­
centration. Potentials (Eh/, vs. calomel reference 
electrode) in both anodic and cathodic branches at 
—15° were fairly constant, though scattered. The 
only trend observable in the cathodic branch at 
—25° was a moderate general decrease as concentra­
tion increased, which is opposite to that theoreti­
cally expected from the effect of concentration on 
the calomel electrode potential; the latter, like 
the Ag-AgCl electrode,1 becomes more positive 
with increasing [Cl"”], so that the polarographic 
potentials should increase.

Increasing the temperature, as expected, sub­
stantially increases the currents observed at any 
given concentration. The cathodic potentials in­
crease with increased temperature; the anodic do 
not.

The cause for these current inconsistencies, which 
exceed in magnitude any reasonable estimate of 
systematic or accidental experimental error, was 
found to be an unsuspected reaction of triphenyl­
chloromethane with mercury.

On warming a mixture of mercury, triphenyl­
chloromethane and S02, sealed in a bomb tube 
under vacuum, to room temperature, a copious 
blue-gray precipitate soon appeared and the solu­
tion color changed from its normal lemon yellow to 
a brownish green. The precipitate contained bound 
mercury, and probably resulted from the abstrac­
tion of chlorine by mercury to form Hg2Cl2 and 
hexaphenylethane. No peroxide formation was 
observed when the mbe was opened and exposed to 
air; this is consistent with Anderson’s observation.6 
Although the reaction is rapid at room temperature, 
it certainly occurs more slowly at experimental 
temperatures ( — 25 and —15°). The current in­
consistencies can therefore be ascribed to the slow 
decrease in solution concentration caused by reac­
tion of the solute with mercury from the pool elec­
trode and, possibly, DME.

Behavior of Calomel Reference Electrode.—The 
moderate decrease in the cathodic I?h/2 as concen­
tration increases at —25° cannot be ascribed to
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solution depletion by the solute-mercury reaction, 
since the current, in contrast with the current 
function, i/ Ch1/2, actually increases at each 
nominally greater concentration (nominal concen­
tration equals the “ as-prepared”  concentration), 
i.e., while the true solute concentration is less than 
the nominal one due to depletion, the former, as 
indicated by the current, is in all cases greater 
than the last preceding nominal concentration. 
Although the solute-mercury reaction may so inter­
fere with the normal chemical processes at the re­
ference electrode surface as to produce the potential 
anomaly, the potential changes observed are more 
likely part of a more general pattern of behavior for 
the calomel electrode in sulfur dioxide, first noted 
by Cruse,8 who studied the cell

Ag/AgCl/S02, Et2NH2Cl/Hg2Cl2/H g (11)
in which the calomel electrode acts as a cathode. 
For the first few hours, the potential remained 
fairly constant at 50 mv., which is close to the value

(8) K. Cruse, Z. Elektrochem., 46, 571 (1940).

calculated from thermal data; subsequently, it 
increased over a period of 12 hr. to a new and fairly 
constant value of 280 mv. This aging effect was 
observed in other cells, using either the calomel or 
Hg-Hg2Br2 electrode, but not in cells in which 
the Ag-AgCl electrode was used with, e.g., a hydro­
gen electrode. Cruse concluded that the aging is 
characteristic of mercury-mercurous halide elec­
trodes in sulfur dioxide, and that such electrodes 
are not suitable for measurements of more than a 
few hours duration.

The potential change found in the present study, 
in which the calomel electrode functions as an anode, 
is logically in the opposite sense to Cruse’s observa­
tion.

Experimental
The material, apparatus and procedures used have been 

described. 1
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Molybdenum(V) chloride is a blue-black di­
meric3® solid having normal melting and boiling 
points3b of 194 and 268°, respectively. The dark 
red-brown vapor apparently consists of MoCls 
trigonal bipyramids,4 easily decomposed to lower 
chlorides and Cl2 under appropriate conditions. 
Many studies of M0CI5 require specialized handling 
techniques because of the extreme sensitivity to 
moisture and oxygen, which form oxychlorides 
and, respectively, HC1 and Cl2.

We give here observations on the hitherto un­
reported solubility and dissociation of M0CI5 
in CCI4 solution, as well as on the behavior of Mo­
d s  in vacuum distillation and the removal of oxy­
chloride contaminants from M0CI5.

Experimental
Argon, Hydrogen, Nitrogen.—Tank Ar (Linde), oil- 

pumped tank N2 (Liquid Carbonic Co.) and electrolytic 
grade tank H2 (Liquid Carbonic Co.) were each passed 
through Drierite and Ascarite, then through finely-divided 
U metal at ca . 800° (Ar, N2) or ca . 600° (H2).

(1) Supported by U. S. Atomic Energy Commission under Con­
tract A T (ll-l)-34 , Project 12.

(2) Electronics Division. The National Cash Register Company, 
Hawthorne, California.

(3) (a) D. E. Sands and A. Zalkin, Acta Cryst., 12, 723 (1959); 
(b) H. Debray, Compt. rend., 66, 732 (1868).

(4) R. V. G. Ewens and M. W. Lister, Trans. Faraday Soc., 34, 1358 
(1938).

Chlorine, Hydrogen Chloride.—Matheson tank Cl2 was 
purified by the method of Downs and Johnson. 5 Matheson 
tank HC1 was dried by passage through Mg(C104)2.

Carbon Tetrachloride.—J. T. Baker “ Analyzed”  CC14 
was purified (76.8° normal b.p.) essentially by the method 
of Wallace and Willard.6

M olybdenum (III) Chloride.—MoCfi (Climax Molyb­
denum Co.) was boiled with 12 /  HC1, then washed with 
absolute ethanol and dried in a vacuum desiccator.

M olybdenum !V) Chloride.—For most of these studies 
M0 CI5 was synthesized7 8 9 10'8 from purified Cl2 and Mo metal 
(obtained by reduction of J. T. Baker “ Analyzed”  M0 O3 
with purified H2 at 1000°, followed by heating in anhydrous 
HC1 to remove possible oxide impurities). Climax Molyb­
denum Co. M0 CI5 (special lots selected for large lump size) 
was used in spectrophotometric studies of the dissociation. 
M0 CI5 prepared from M0 O3 and CCLi at 400°9 was supplied 
by Professor S. Y. Tyree, Jr., and used in oxychloride- 
removal studies with the same general results as our own 
M oC16.

Rem oval of Oxychloride Contaminants from  M olybdenum -
(V ) Chloride.—M0 CI5 from the above sources generally had 
brown and green oxychloride coatings. When coatings 
were removed mechanically in the best dry boxes available 
to us new coatings formed rapidly. Distillation in a Cl2 
atmosphere appeared to distil oxychloride with the M0 CI5; 
attempts to fractionate were unsuccessful. Heating in  
vacuo or in N2 gave essentially no distillation except on 
approaching the melting point whereupon extensive release 
of Cl2 resulted, in accord with findings of Honigschmid and 
Wittmann8 and thermodynamic estimates of Brewer and 
co-workers, 10 but in apparent conflict with a claim1 1 that

(5) J. J. Downs and R. E. Johnson, J. Am. Chem. Soc., 77, 2098 
(1955); J. J. Downs, Ph.D. Thesis, Florida State University, August, 
1954.

(6) C. H. Wallace and J. E. Willard, J. Am, Chem. Soc., 72, 5275 
(1950).

(7) A. Voigt and W. Biltz, Z. anorg. Chem., 133, 277 (1924).
(8) O. Honigschmid and G. Wittmann, ibid., 229, 65 (1936).
(9) K. Knox, S. Y. Tyree, Jr., R. D. Srivastara, V. Norman, J. Y. 

Bassett, Jr., and J. H. Holloway, J. Am. Chem. Soc., 79, 3358 (1957).
(10) L. Brewer, L. A. Bromley, P. W. Gilles and N. L. Lofgren, in 

L. L. Quill (ed.), “ The Chemistry and Metallurgy of Miscellaneous
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M0 CI5 can be vacuum sublimed away from MoC14 at 120° 
and the claim that M0 CI5 can be vacuum distilled at 150°12a 
or even at 60-700.12b The latter paper also stated that solid 
M0 CI5 and gaseous M0 CI5 in equilibrium with it decompose 
to Cl2 and solid MoCh at 98-162°. Apparently M0 CI5 
cannot be purified by vacuum distillation at these tempera­
tures unless the distillation is substantially faster than the 
dissociation.

Repeated extraction of solid M ods with CC14 in  vacuo  
in a Pyrex apparatus allowing filtration of the solid from the 
extract and evaporation and re-use of the CCI4 gave purified 
M0 CI5 with a Cl/Mo atom ratio of 5.00. The red-brown 
final C C I4  extracts (including Cl2 in gas phase) had Cl/Mo 
atom ratios close to 5, whereas the first CC14 extracts were 
bright red with Cl/Mo atom ratios of 3.4-4.2 .

Measurement of Chlorine Produced by Dissociation of 
Molybdenum(V) Chloride in Carbon Tetrachloride Solution. 
—In the course of working with MoCh in CCI4 in  vacuo  
Cl2 was found present in amounts grossly in excess of that 
which could be formed from any 0 2 possibly present. Two 
methods were used (and a third attempted) to measure the 
Cl2 formed. Concentrations of Cl2 in the MoCl6-CCl4 
solutions and in the vapor phase above each solution were 
deduced from either the Cl2 in the vapor phase or the total 
CI2 with the aid of the perfect-gas and Henry’s laws. 13

1 . Distillation Method.—Aliquots (10- or 20-ml.) of 
M0CI5 (purified by extraction method) in CC14 were de­
livered from an evacuated buret equipped with a bellows- 
type brass vacuum valve with Cu-Pyrex seals into an evacu­
ated Pyrex evaporator6 and the CC14, Cl2 and any HC1 
distilled in 2  min. ( “ fast” ) or in 18 min. ( “ slow” ) into traps 
immersed in liquid N2. The trap contents were distilled 
into Os-free aqueous KI, and the I3~ formed titrated with 
standard Na2S20 3 , after which any HC1 was determined 
iodometrically.

2 . Aqueous KI Method.—Aliquots of the same M0 CI5-  
CCI4 solutions were delivered into the evaporator, then 0 2- 
free aqueous KI was rapidly added with vigorous stirring 
and the I3_ formed titrated with standard Na2S20 3. Cl2 so 
determined is a measure of the “ equilibrium”  concentration 
if the assumptions be made that the M0 CI5 is instantane­
ously hydrolyzed before further dissociation occurs and that 
oxidation-reduction is negligible here except between Cl2 
and I3~.

3. Spectrophotometric Method.—Spectrophotometric 
measurement of Cl2 in M0 CI5-CCI4 solutions was not con­
sidered feasible because of complications. At the sug­
gestion of Professor J. D. McCullough, we attempted to 
measure the intensity of the Cl2 absorption band at 328 m̂ i 
in known aliquots of the gas phase in apparent equilibrium 
with MoC15-CC14 solutions. Because of considerable at­
tack of M0 CI5 by moisture during the extensive handling 
the results were useful only in showing independently of the 
other two methods that Cl2 is released when M0 CI5 dissolves 
in CC14.

Molybdenum and Chlorine Analyses.—M0 CI5 and its 
CCk solutions and residues were hydrolyzed in sealed ap­
paratus with excess 1 /  NaOH, the Mo oxidized to Mo(VI) 
with 30% H20 2, then excess H20 2 and any CC14 present re­
moved by boiling. Aliquots of the colorless solutions were 
used for determining Mo by the a-benzoinoxime gravimetric 
method14 and Cl by Clarke’s method15 (satisfactory at 
pH 3.0-3.5 in the presence of Mo(VI)).

Dry Box.—Among several dry boxes used, the best was 
a Lucite box equipped with an air lock, a Na-arc purification 
system (No. 106, Caemco Inc., Florida), and two Neo­
prene gloves treated with Fluorolube M to reduce diffusion 
of 0 2 and moisture into the box. A second pair of Neo­
prene gloves was worn by the operator. A purified Ar 
flow was used inside the box. Although the box contained * 11 12 13 14 15

Materials: Thermodynamics/’ McGraw-Hill Book Co., Inc., N. Y .t 
1st ed., 1950, Paper 8, pp. 276-311.

(11) D. E. Couch and A. Brenner, NBS Report No. 5326, June 14, 
1957, p. 11.

(12) (a) S. A. Schukarev, I. V. Vasil’kova and B. N. Sharupin, 
Zhur. Obshchei Khim., 26, 2093 (1956); (b) Yestnik Leningrad Univ., 
14, No. 10, Ser. Fiz. i Khim., No. 2, 72 (1959).

(13) Henry’s law constants were calculated from the data of W. J. 
Jones, J. Chem, Soc., 99, 392 (1911), and N. W, Taylor and J. II. 
Hildebrand, J. Am. Chem. Soc., 45, 682 (1923).

(14) H. B. Knowles, Bur. Standards J. Research, 9, 1 (1932).
(15) F. E. Clarke, Anal. Chem., 22, 553 (1950).

fresh P20 5 and gave negative tests18 for 0 2 with liquid Na-K 
eutectic alloy and with a mineral-oil suspension of sodium 
benzophenone ketyl for 15-30 min. periods, MoCU exposed 
to the dry-box atmosphere formed coatings within a minute 
or less.

Results and Discussion
Our experiments show clearly that Cl2 is re­

leased when M0CI5 dissolves in CC14 at 2-26°, 
unlike PCI5 and in contradiction with the im­
pression gained from the literature that M0CI5 
dissolves in CC14 without reaction. Because of the 
fantastic sensitivity of M0CI5 to moisture and the 
low solubility of M0CI5 in CCI4, our experiments do 
not establish the nature of the Mo species formed in 
the dissociation. M0CI3 appears improbable since 
CCI4 equilibrated for days with M0CI3 powder had 
a solubility of ^ 10-6 /  at 25° and our M0CI5- 
CCI4 solutions gave no solid phase on centrifuga­
tion. Residues from the total distillation of 
CI2 and CCI4 from M0CI5-CCI4 solutions were 
brown-black solids with green discolorations and 
C l/M o atom ratios of 3.35-3.37, suggesting the pres­
ence of oxychlorides and possibly M0CI4 (attack 
of MoCI6 by moisture in at least one distillation 
was shown by finding 0.106 mmole of HC1 in 
addition to 0.066 mmole of Cl2). Thermodynamic 
estimates of Brewer, et al. , 10 and our own data are 
compatible with dissociation by the path

K
2MoCI5(soln.) ¡^ ± 2 M oC l4(soln.) +  Cl2(soln.)

Cl2(soln.) ^ ± 1  Cl2(g)
for which 0.2 M  at 2-26° from our aqueous 
KI data.

The degree of dissociation a of M0CI5 in CC14 
in the presence of a vapor phase is affected by the 
ratio of vapor volume Vg to liquid volume V\. 
Since we are uncertain of the dissociation stoichi­
ometry. the results are given in Table I in terms of 
/3, the ratio of total mmoles of Cl2 found to the ini­
tial apparent mmoles of M0CI5. If M0CI5 disso­
ciates to Cl2 and either M0CI3 or an equimolar mix­
ture of MoCl2 and M0CI4, /3 will be equal to a; 
in all other cases /3 will be less than a.

T a b l e  I
D isso ciation  of MoC15 in  CC14 So lu tio n

Temp., (MoCDo,
Method“ °c. Vg/Vl m f ß

Fast dist. ~23 11.2 0.57
Slow disi. —23 5.6 .59
Aqueous KI 2 21.8 6.6 .45
Aqueous KI 26 16.3 5.1 .46

“ See Experimental.

The values of /3 obtained by the two methods 
are in rough agreement. As expected, ¡3 is larger 
in the distillation experiments than in the aqueous 
KI experiments, which presumably more nearly 
indicate the equilibrium conditions. A Soviet 
group1£a has interpreted their data on the partial 
pressure of Cl2 over solid M0CI5 at 98-162° in 
terms of dissociation of MoCkfe), in equilibrium 
with MoCfiÇs), into MoCl4(g) and Cl2(g); from 
their dissociation constants we have estimated a 
to be 0.76 at 162°, 0.53 at 98°, and, by extrapola­
tion, 0.09 at 25°. Although comparison of our /3-

06 ) T. R. P. Gibb, Jr., ibid., 29, 584 (1957).
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values with these «-values would be more meaning­
ful if we could extrapolate our values to zero Vg/U' 
and if the a-values had been obtained in the absence 
of solid Mods, the comparison suggests that the 
degree of dissociation is substantially greater in 
CCLj, solution than in the vapor-solid system at 
the same temperature, providing the dissociation 
stoichiometry is the same.

The distillation data suggest that the dissocia­
tion of M0 CI5 in CCh solution is fairly rapid.

The literature implies that M0 CI5 is fairly soluble 
in CCh at room temperature. We find the solu­
bility to be only ca . 0.011 /  (at a vapor-to-liquid 
volume, which affects the solubility slightly, of 5).

Acknowledgments.—Our thanks are due Profes­
sor S. Y. Tyree, Jr., University of North Carolina, 
for sending us a sample of his MoCIb and Climax 
Molybdenum Company, New York, for donation 
of M 0 CI5 and M0 CI3 samples. Assistance with 
some of the apparatus by Mr. Glenn Crabbs is 
gratefully acknowledged.
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Often the major barrier to a study of phase 
equilibrium is the lack of a desirable analytical 
procedure.2 For ternary liquid-solid systems in 
particular, the commonly used method of Schreine- 
makers3 requires that the weight per cent, of at 
least two of the three components in each phase be 
determined. Some of the analytical difficulty 
may be eliminated by use of the method of algebraic 
extrapolation.4 The latter still requires that the 
weight per cent, of two of the components in the 
solution phase be determined, however, and thus 
may be of limited use where analysis presents dif­
ficulty.

Analysis for one of the components in the solu­
tion phase is frequently comparatively simple. If, 
for example, the system consists of water and two 
salts whose anhydrous forms are thermally stable, 
the weight per cent, water in the solution phase 
may be determined by evaporation of a weighed 
fraction.

A method of phase study of ternary liquid-solid 
systems requiring the determination of the weight 
per cent, of but a single component in only the 
solution phase would be useful in some instances. 
Such a method is presented here, being based upon 
arguments stated earlier.5 Application of the 
method to the systems potassium chloride-sodium 
chloride-water (I) and sodium bromide-sodium 
nitrate-water (II) at 25° is described.

The Method
Consider the triangular phase diagram (tern-

(1) Presented at the Southeastern Sectional Meeting of the American 
Chemical Society, Richmond, Virginia, November 5, 1959.

(2) See, for example: A. N. Campbell and E. M. Kartzmark, Can, 
J. Chem., 37, 1409 (1959).

(3) F. A. H. Schreinemakers, Z. physik. Chem,, 11, 80 (1893).
(4) A. E. Hill and J. E. Ricci, J. Am. Chem. Soc., 53, 4305 (1931).
(5) E. L. Ileric, J. Chem. Educ., 35, 510 (1958).

perature and pressure constant) of a ternary sys­
tem composed of water and two salts, the com­
ponents identified, respectively, as 1, 2, and 3. 
Assume a tie line joining a solid phase D with the 
solution A in equilibrium with the solid. This tie 
line is the locus of points of mixtures from which 
the phases A and D will form at equilibrium. 
Consider two such mixtures on this tie line, B and C. 
If the points B and C are fixed, the direction of the 
tie line is known, although this would not fix the 
location of either A or D. If, however, any one of 
the coordinates A h A 2 or Az of A  were also known,6 
that point would be fixed. This follows from the 
linearity of tie lines, which requires that

Ai — Bi A 2 — Bi A, — Bs ...
Bi -  Ci “  B2-  C2 ~ B3 -  Cz 

In like manner knowing any one of the coordinates 
Di, D2 or Ds suffices to fix point D, because

Di — Bi Di — Bi Dz — B, ,0.7
Bi — Ci ~ Bi — C, ~ B3 — Cz K 1

Thus in order to apply the method described here, 
the following must be known: (1) the location of 
point B, (2) the location of point C, (3) one co­
ordinate of point A, (4) one coordinate of point D.

The first of these is available upon synthesis of 
mixture B. While in principle C could also be 
established by synthesis, this would be highly 
impractical. Instead that point is found in­
directly, as described below, after determination 
of the third quantity. By the methods used here 
the third quantity is A,. It is determined by 
evaporation to dryness of a weighed fraction of the 
solution phase of mixture B. The fourth quantity 
is determined as in the method of algebraic extra­
polation, after the location of point C is fixed. A 
knowledge of Ai found for the solution phase of 
mixture B would fix point C if A x were known as 
some systematic function of the compositions of 
mixtures. Such a relationship can be established 
by the determination of A\ for a series of mixtures 
having an arbitrary but fixed weight per cent, 
water and variable ratios of the two salts, i.e., 
variable C2/C2 +  Cz at constant Cx. Because the 
location of point C on the tie line is, in principle, 
arbitrary, C may be considered a member of the 
series of mixtures at constant Ci. Thus data are 
available for a reference plot of A x vs. C2/C2 +  C% 
at known Cx. For a value of A x determined for the 
solution phase of mixture B it is thus possible to fix 
the composition of the corresponding point C from 
this plot; points B and C must have the same A x 
value if they lie on the same tie line. A deter­
mination of A 1 for a number of such mixtures as B 
thus fixes corresponding points C on the same tie 
lines, and defines both the solubility curve and the 
solid phase.

As there are no tie lines in an invariant region, 
an invariant point cannot be established by the 
above method. This point must be fixed instead 
by extrapolation of the solubility curves to their

(6) The coordinates (in weight per cent.) of a po in t such as A are 
given by Ai, Az and Az, where the subscripts refer to  the components.

(7) Equation 2 w ill be recognized as the basis of solid phase identifi­
cation by the method of algebraic extrapolation,4 except th a t the com­
position of the solution phase has been replaced by tha t of a second 
mixture lying on the same tie line.
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Fig. 1.—Solubility curves expressed as difference plots— (1) the 

system KCl-NaCl-H20  at 25°: o ,  lit. values8; 0 ,  present work. 
(2) The system NaBr-NaN03-H 20  at 25°: □ ,  Ht. values12; • , pres­
ent work.
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point of intersection with one another. 
Determination of points on the solubility 
curves in the vicinity of the invariant 
point reduces the uncertainty in fixing 
the latter. The extrapolation is also 
rendered less uncertain in that the two 
curves should intersect at the A , found 
experimentally by evaporation of frac­
tions of the solution phase of mixtures 
in the invariant region.

The applicability of the method will 
depend upon the nature of the system.
As applied here, it obviously would not 
be applicable to a system where a solu­
bility curve had an essentially unvary­
ing value of Ai. It would also be in­
valid for systems in which the salts are 
either volatile or decomposed by heat.
In addition for some systems with such 
characteristics as metastability or a rela­
tively large number of solid phases, it is 
possible that the method would not be practical.

Experimental
Salts, ACS or reagent grade, were recrystallized before 

use and dried until a sample showed no weight loss when 
heated overnight in a 100° vacuum oven. Salts were stored 
at 150°. Water was singly distilled and protected from CO2 
during storage. Mixtures attained equilibrium at 25 ±  
0.05° while constantly agitated with a magnetic stirring 
device.

Two types of mixtures are required, corresponding to 
either B or C as identified above. To distinguish between 
the two, the former will be referred to as scanning mix­
tures and the latter as reference mixtures. While data for 
the systems were available from the literature, this fact 
was essentially ignored to simulate conditions which might 
be encountered in unknown systems. Before preparing 
the mixtures a crude preliminary study of the solubility 
curves was made by adding water to known mixtures of the 
two salts, with stirring, until the solid phase had been re­
duced to a few small crystals. This is a convenient method 
of establishing optimum compositions of the scanning mix­
tures to be prepared, as well as indicating the general form 
of the solubility curve. Scanning mixtures were selected 
so that their compositions would lie near the solubility 
curves in order to minimize extrapolation errors inherent 
in the use of equation 1.

The desired values of C i to be maintained constant in the 
reference mixtures were estimated visually during the pre­
liminary crude study. For best results C\ should approach 
D i, but not so closely that insufficient solution phase is avail­
able for removal. For the liquid-solid two-phase regions of 
both systems, a C i of 30 to 40 weight %  was suitable. 
Mixtures were prepared by weighing in  s itu  each component 
after it had been added to the solubility bottle. Total 
weights of scanning mixtures were a minimum of 15 g., 
while those of reference mixtures were 25 g.; weighings were 
made to the nearest whole mg. The latter mixtures were in 
larger amount to minimize the difficulty in obtaining a pre­
cisely preselected C i value.

Compositions of mixtures used in the determination of 
the weight per cent, water of an invariant point were not 
precisely known. As the approximate location of the point 
was known from the preliminary study, the only restriction 
in these invariant mixtures was that the composition should 
fall within the limits estimated for the invariant region. 
Like values of A i  for the solution phases of several sup­
posedly invariant mixtures were accepted as evidence that 
this value had been established.

For both systems 12 hours were sufficient to attain equilib­
rium. Duplicate determinations from under- and over- 
saturation indicated no supersaturation tendencies. Frac­
tions removed from solution phases weighed a minimum of 
1 g., and were withdrawn through filters. Solution frac­
tions were weighed and dried in 100-ml. glass-stoppered 
volumetric flasks. These were used because the ex­
tended necks prevented loss of solids by spattering dur­

ing evaporation to dryness. Evaporation was continued 
at 150° until no further weight loss occurred over a 12 hour 
period. The minimum weight of residue obtained was 0.6 g. 
Weighings concerned with solution fractions were made 
to the nearest 0.2 mg. Duplicate determinations of the 
weight per cent, water of solution phases agreed typically 
within ±0.05 weight % water.

Results
System I.—Results are compared with accepted 

values, using the data of Reinders,8 in Fig. 1. The 
comparison is made with a difference plot as 
departure from the straight lines formed by joining 
the invariant point to those of the individual salts 
in water. The plot is based upon the best curves, 
by eye, drawn through the data obtained in the 
present work. The solubilities of KC1 and NaCl 
in water reported here are, respectively, 26.43 and
26.44 weight % . Accepted values are 26.30-26.73 
for the former9 and 26.40-26.52 for the latter.10 
For the invariant point the values 11.13, 20.46 
and 68.41 KC1, NaCl and H20 , respectively, com­
pare with accepted values of 11.14-11.26, 20.28-
20.44 and 68.42-68.46.8’11 The directly deter­
mined value of the weight per cent, water at the 
invariant point is 68.35.

By tie line extrapolation the solid phases were 
identified as the anhydrous salts. Departure of 
indicated solid composition from the correct values 
exceeds the theoretical uncertainty for only one tie 
line. The theoretical uncertainties were calcu­
lated assuming that each tie line was anchored at 
points B with an uncertainty in its direction due 
to variation of ±0.03 weight %  in either C2 or CV

System II.—Results are compared with accepte d 
values12 in Fig. 1, again using a difference plot.

The solubilities of NaBr and NaNOs in water re­
ported here, respectively, 48.50 and 47.90 weight %

(8) W. Reinders, Z . anorg. Chem., 93, 202 (1915).
(9) (a) A. Seidell, “ Solubilities of Inorganic and Metal Organic Com­

pounds,”  third edition, Yol. I, D. Van Nostrand Co., Inc., New York, 
N. Y., 1941, pp. 750-775; (b) A. Seidell and W. F. Linke, “ Solubilities 
of Inorganic and Organic Compounds,”  Supplement to the third edi­
tion, D. Van Nostrand Co., Inc., New York, N. Y., 1952, pp. 280, 285.

(10) Reference 9a, pp. 1217-1245; reference 9b, pp. 451-452.
(11) (a) W. C. Blasdale, Ind. Eng. Chem., 10, 344 (1918); (b) K. 

tlyeda, Mem. Coll. Sci. Eng. {Kyoto), 2, 245 (1909-1910).
(12) J. E. Ricci, J. Budish and N, Borodulia, J. Am. Chem. Soc., 59, 

868 (1937).
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compare with accepted values of 48.22-48.81 for the 
former13 and 47.78-47.87 for the latter.14 For the 
invariant point the values of 40.87, 13.73 and 45.40 
NaBr, NaN03 and H20, respectively, compare 
with accepted values of 41.05, 13.62 and 45.33.12 
The directly determined value of the weight per 
cent, water at the invariant point is 45.39. Tie 
line extrapolation indicated the solid phases to be 
anhydrous N aN 03 and NaBr-2H20. Agreement 
between errors in indicated solid composition and 
the theoretical uncertainty again is as noted above.

Discussion
Solubilities of the individual salts agree within 

experimental error with the accepted values, 
indicating that purification, drying and equilib­
rium attainment were adequate. Presumably these 
procedures were equally satisfactory for the ternary 
mixtures. One reason for the use of the above 
systems in testing the proposed method is that 
their solubility curves show relatively small varia­
tions in weight per cent., thereby providing a sensi­
tive test of the method. Consequently, and in 
view of the internal consistency of the results ob­
tained, it appears that the method is capable of 
yielding precise data. Only one point reported 
here for both systems fails to fall on the smoothed 
solubility curves of Fig. 1.

Comparison with the data of Reinders shows that 
the present values exhibit in general a lower salt 
content along both solubility curves. While R ea ­
ders’ experimental methods were not reported, it is 
significant that his values for the solubilities of the 
individual salts also lie toward the higher of the 
accepted values, indicating the probability of such 
a systematic disagreement between the two sets of 
data. The present values show no such systematic 
disagreement with those accepted for System II.

It is of interest to compare the results of the 
present method with those obtainable for system I 
using chemical analysis, the determination of 
chloride as AgCl. If the analysis were performed 
on solution fractions of the weights used in this 
work, say 2.4 g., for a solution of given weight per 
cent, water a change in weight of AgCl of 0.2 mg. 
would correspond to a change of 0.03 weight %  of 
either salt.

It should be noted that in the solubility data 
determined with equation 1 there is an added un­
certainty to that in the direct determination of Ai 
for the scanning mixtures. This results from the 
use in equation 1 of interpolated C2 or C3 values in 
determining A 2 or Ag. The former reflect the un­
certainty in the Ai values of the mixtures used in 
constructing the reference plots. It can be shown, 
however, that this additional error is small, amount­
ing to as much as 0.01 weight %  for only three of the 
fourteen points so determined. These errors are 
small because of the proximity of the scanning 
mixtures to the solubility curves.

Although the solid phases of the systems studied 
here are of definite composition, extension of the 
method to systems with solid solution formation 
should be straightforward.16

(13) (a) Reference 9a, pp. 1155-1159; (b) reference 9b, pp. 421-424.
(14) (a) Reference 9a, pp. 1158, 1281, 1403; (b) reference Ob, p, 476.
(15) Ji E» Ricci, Ji Amt Chem> Soci, 57, 805 (1935)i

HEAT OF COMBUSTION OF ETHYLENE 
CARBONATE

By Gayton Silvestro and Charles Lenchitz
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The heat of combustion of ethylene carbonate

is not reported in the literature. As this compound 
is used as an ingredient in propellant formulations, 
an accurate heat of combustion is necessary in 
order to calculate the thermochemical constants 
of the propellant.

Experimental
Material.—The ethylene carbonate sample used was ob­

tained from the Jefferson Chemical Company and recrys­
tallized from isopropyl alcohol. This sample has a freez­
ing point of 35.8° and anindex of refraction of 1.4151 at 50°.* 
An examination of columns 2 and 3 of Table II shows that 
the purity of this sample is 99.97%, based on the carbon 
content of the ethylene carbonate. Literature values for the 
melting point of pure ethylene carbonate is inconclusive.

Vorlander in 1894* 1 reported a freezing point for ethylene 
carbonate of 39°. In his analysis for carbon and hydrogen 
however, an excess of 0.4% carbon and 8 % hydrogen is 
reported. Tilitschejew in 19232 obtained a 28% yield of 
ethylene carbonate in the thermal decomposition of glyco- 
lide. His analysis of the sample show melting points rang­
ing between 38.5 and 40° and only 99.08% of the theoretical 
amount of carbon. In 1933 Hill and Carothers3 identified 
ethylene carbonate in the depolymerization of a polyester. 
A melting point of 39° and an index of refraction of 1.4158 
at 50° is reported, but no mention is made of any chemical 
analysis. It is therefore concluded that none of the re­
ported freezing points can be used with confidence.

In the more recent literature two values are reported, one 
in the “ Handbook of Chemistry and Physics, ” 4 5 the other in

Table I
Calorimeter Calibration with Benzoic Acid 6318

CAL./g.

1 cal. =  4.184 j.
Wt.

sample,
g.

Aei,
j./ohm ARc,

ohms ai,
i

Qn,
i

Es,j./ohm
1.12397 13.3 0.165341 69.0 7.6 180,125
1.08490 12.9 ,159619 69.0 8.7 180,121
1.09996 13.1 .161747 69.0 8 . 1 180,208
1.10787 13.1 .162922 69.0 9.3 180,198
1.13797 13.5 .167373 69.0 10.5 180,166
1.00790 1 2 . 0 .148366 69.0 3.5 180,032

Mean 180,142
Stand, dev. of mean ±26

the “ Condensed Chemical Dictionary. ” 6 A freezing point 
of 35.7°. is listed in ref. 4 under the section “ Physical Con­
stants of Industrial Chemicals.”  This value is reported by 
another manufacturer of ethylene carbonate, but there is no 
indication of sample purity. The freezing point and index of 
refraction listed in ref. 5 are 36.4° and 1.4158 at 50° re­
spectively, but here too there is no indication of sample

* Analysis made by the Propellant Analysis Unit of the Arsenal.
(1) A. Vorlander, Ann. Chem. (Liebig), 280, 187 (1894).
(2) M. Tilitschejew, Ber. Deutschen Chem. Gesellschaft, 56, 2218 

(1923).
(3) J. W. Hill and W. H. Carothers, J. Am. Chem. Soc., 55, 5031 

(1933).
(4) “ Handbook of Chemistry and Physics,”  41st Edition, 1959— 

1960.
(5) “ Condensed Chemical Dictionary.”  5th Edition, Reinhold Publ, 

Corp., New York, N. Y,, 1856,



T a b l e  II
Heat of Combustion of Ethylene Carbonate 

Mol. wt. = 88.062
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Sample Theoretical
COj

recovered, A62, ARc, 9, 28°,
i.

9i,
j.

Qn,
-  AEb 

280
wt. vac., g. C 0 2, g. 

(2)
g. j./ohm ohms j. j./g . C 02

(1) (3) (4) (5) (6) (7) (8) (9)
1.60425 2.40522 2.40316 30.6 0.119406 21,513.7 69.0 5.8 8921.1
1.78164 2.67091 2.67106 34.0 .132315 23,840.0 69.0 5.8 8897.3
1.51918 2.27768 2.27775 29.0 .112862 20,334.5 69.0 6.4 8894.3
1.56722 2.34970 2.34799 29.9 .116512 20,992.2 69.0 6.9 8908.2
1.47437 2.21049 2.21037 28.2 .109697 19,764.2 69.0 5.8 8907.7

Mean 8905.7 
Standard dev. of mean ± 4 .7

purity. The freezing points listed in the more recent 
literature, references (4) and (5), although not substan­
tiated, checks more closely the values obtained in this re­
port.

Apparatus and Procedure.—The heat of combustion was 
determined in a National Bureau of Standards calorimeter, 
manufactured by the Precision Scientific Company. Re­
sistance measurements were made with Leeds and Northrop 
type, G-2 Mueller Bridge and a platinum resistance ther­
mometer calibrated by the National Bureau of Standards. 
All combustions were made in a 340 cc. “ Parr”  Combustion 
bomb using purified oxygen. The bath temperature of the 
calorimeter was maintained at 29.99 ±02° and calibrated 
with “ Parr”  Benzoic acid (calorific value 6318 cal./g.). 
The sample was dried in a vacuum desiccator at room tem­
perature to constant weight. A moisture analysis by the 
“ Karl Fischer”  method showed an insignificant quantity of 
water.

Results
The results of the calibration are listed in Table 

I. In Table II is listed the results on the heat of 
combustion of ethylene carbonate. After cor­
recting to 25°, constant pressure, and including a 
modified “ Washburn”  correction, calculated ac­
cording to Prosen,6 a value of 3179.0 ±  1.7 
cal./g. is obtained.

Acknowledgments.— The authors wish to ac­
knowledge the assistance of Mr. R. Trask of 
Picatinny Arsenal, Dover, N. J.

(6) F. D. Rossini, “ Experimental Thermochemistry,”  Editor, Ch. 6, 
Interscience Publishers, Inc., New York, N. Y., 1956.

FERROCENE AS A RADICAL 
“ SCAVENGER” IN THE RADIOLYSIS OF 

CARBON TETRACHLORIDE
B y  E. C o ll in so n , F. S. D a in t o n  an d  H u gh  G il l is

Department of Physical Chemistry, The University, Leeds, 2, England 
Received September 19, 1960

Values of the radical yield, Gr , for the radiolysis 
of deaerated, liquid carbon tetrachloride, using 
radiations of comparable linear energy transfer, 
differ widely. Using diphenylpicrylhydrazyl (DP- 
PH) as a scavenger, Chapiro1 obtained 19 ±  1; 
using the polymerization method, Seitzer and 
Tobolsky2 found a value of 10.2; with methyl 
methacrylate to scavenge the primary radicals and 
ferric chloride to oxidize the polymethyl methacryl­
ate radicals so formed, the highest value obtained

(1) A. Chapiro, J. Phys. Chem., 63, 801 (1959), and earlier papers 
cited therein.

( 2 ) W. H„ Seitzer and A .  V. Tobolsky, J. Am. Chem. Soc., 77, 2 6 8 7
(1955).

was 8.73; and the radiation-induced exchange of 
Cl36-labelled chlorine with carbon tetrachloride 
suggests that Gcch =  3.5 ±  0.35 and that Gr is 
perhaps ~  7.4 The solubility of ferrocene (Fn) 
in this solvent, its small positive oxidation potential 
and ability to react with free radicals,6 together 
with the recent evidence of Brand and Snedden6 
that it can be oxidized by iodine atoms generated 
photochemically, all point to the probability that 
ferrocene would efficiently scavenge chlorine atoms 
produced by irradiation of CCL according to the 
reaction 1

Fn +  Cl ■— > Fn+Cl- (1)
where Fn+Cl_ denotes ferricinium chloride. We 
here report our observations on this system.

Experimental
May and Baker carbon tetrachloride was saturated with 

chlorine and then illuminated for 90 min. with an unscreened 
medium pressure mercury lamp in a quartz envelope, after 
which it was washed successively with 5 M  aqueous NaOH 
and water, dried over calcium chloride and carefully distilled. 
Ferrocene was recrystallized once from methanol, dried in  
vacu o and sublimed in  vacuo at 1 0 0 ° into the empty irradia­
tion cell, the solvent being added subsequently. Co-60 y -  
rays were used to provide a dose-rate of 3 X 1019 e.v. l ._I 
sec. in the solution.

Solutions of 5-ml. volume were degassed thoroughly before 
irradiation. The concentration of ferrocene during an experi­
ment was followed by decanting the sample into a quartz 
spectrophotometer cell attached to the irradiation cell. Two 
sintered glass filters of porosities 2 and 3 between the irradia­
tion cell and the spectrophotometric cell prevented the pre­
cipitate (Fn+Cl~; see Discussion) which was formed from 
interfering with the spectrophotometric measurements. 
The molar decadic extinction coefficients, determined from 
samples of freshly sublimed ferrocene weighed in air, were: 
C m a s  =  € 3 0 7  =  785; € 351) =  310; C 36 0  =  185; C m i n  =  £ 3 9 0  —  67, 
6ms = 6450 =  105. These values agree as nearly as can be 
determined with those given in curve (e) of Fig. 1 of ref­
erence 6 .

Results and Discussion
The variation of [Fn] with dose was measured for 

solutions containing five different initial concentra­
tions within the range 1.2 to 8.3 mM. In four of 
these the change in optical density was measured at 
three different wave lengths and in the fifth solution 
at two. The graphs of optical density with dose 
were linear down to a concentration of ~0 .5  mM  
and correspond to G( —Fn) =  2.34 ±  0.07.

(3) N. Colebourne, E. Collinson and F. S. Dainton, unpublished 
work.

(4) J. W. Schulte, J. Am. Chem. Soc., 79, 4643 (1957).
(5) P. L. Pauson, Quart. Revs., 9, 391 (1955).
(6) J. C. D, Brand and W. Snedden, Trans. Faraday S o c . ,  53, 894 

(1957),
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There was evidence for a small back reaction in 
that the initial slope at 307 m/i of a solution of initial 
concentration 1.2 mM  was 0.052 whereas the slope 
for a solution in which the concentration had 
been reduced by irradiation from an initial value 
of 8.3 to 1.2 m l  was 0.037. The possibility that 
the irradiation products of pure carbon tetrachloride 
in some way affect the ferrocene or other products 
was excluded by direct experiment.

To test the stoichiometry of the reaction, dry 
methanol was added under vacuum to the residue 
after the solvent had been pumped off an ir­
radiated solution. The resulting solution was blue, 
having an absorption peak at 620 m¡i. If this 
peak were due entirely to the ferricinium ion for 
which e62o =  362 in methanol,6 then the concentra­
tion of Fn+Cl-  present was within 5% of that of the 
ferrocene destroyed.

When a sufficiently large dose had been given 
completely to destroy the ferrocene, a small new 
absorption band (Xmax 320 m;u) was observed. This 
was not due to chlorine which in carbon tetrachlo­
ride solution has a spectrum with Xmax 332 mp. 
Possibly a substituted ferrocene is responsible for 
this band. If so the yield is small.

If reaction 1 were the only origin of Fn+Cl-  then 
we could conclude (?ci =  2.34. However it is 
possible that ferrocene may be oxidized by CC13+ 
(an abundant ion in the mass spectrum of CCI4) 
and CCI3 (almost certainly the precursor of the C2- 
CU found when pure CC14 is irradiated). It is also 
possible that a fraction of such reactive radicals as 
chlorine atoms may abstract a hydrogen atom, the 
resultant ferrocene radical being the immediate 
precursor of the substituted ferrocene thought to 
be responsible for the spectrum with Xmax at 332 
m/u An attempt to measure G(HC1) for a ferrocene 
solution was unsuccessful due to obscuration of the 
end-point by Fn and Fn+Cl- .

We conclude that although solutions of ferrocene 
in carbon tetrachloride respond to irradiation in a 
typical “ indirect action”  manner the value of 
G(—Fn) =  (r(Fn+Cl_) =  2.34 is merely a mini­
mum value for Gr .

Acknowledgment.—We wish to thank the Rocke­
feller Foundation and the General Electric Re­
search Laboratory for financial aid.

has ever been reported giving the concentrations of 
TDI, intermediates, and final product throughout 
the course of the reaction. Such data, applied to 
recently derived equations,6 would permit more 
detailed characterization than has heretofore 
been possible of an important class of condensa­
tion polymers, polyurethans derived from TDI. 
Consequently, the following experiment and analy­
sis were undertaken.

TD I was treated with n-butyl alcohol-xylene 
solution at 80°. The concentration of — NCO as 
a function of time was determined by transferring 
periodically withdrawn reaction samples to excess 
n-butylamine solution and back titrating with 
HC1. A representative curve is shown in Fig. 1. 
Values of — NCO, as read from the smoothed out 
curve of Fig. 1 are compiled in Table I, col. 2.

T a b l e  I
C o m pa r iso n  o f  E x p e r im e n t a l  C o n c e n tr a t io n s  o f  I so­

c y a n a t e  w it h  C a l c u l a te d  V a lu e s
X ILLItJ,

hr. Exptl. Caled. 1 Caled. 2
0 0.250 0.25000 0.25000
0.100 .224 .22235 .22244

.200 .205 .20208 .20217

.300 .187 .18657 .18664

.400 .173 .17433 .17438

.500 .162 .16443 .16444

.750 .146 .14635 .14630
1 .0 0 0 .134 .13409 .13400
1.250 .126 .12520 .12511
1.500 .118 .11843 .11834
1.750 .113 .11307 .11300
2.000 .109 .10869 .10865
2.500 .102 .10189 .10190
3.000 .097 .09673 .09680
4.000 .090 .08914 .08925
5.000 .084 .08352 .08358
6.000 .078 .07900 .07894

Constants
(l./eq.-hr.) ki k2 ki ki

Std. deviation 
ineq./ml.

Caled. 1 8.54 4.00 1.92 0.53 0.00118
Caled. 2 9.21 6.00 1.20 0.63 0.00115

Assuming that reaction of each -NCO group in 
eq. 1 with a primary alcohol obeys second-order 
kinetics,7 one obtains the following set of independ-

THE REACTION OF 
TOLUENE-2,4-DIISOCYANATE 

W ITH n-BUTYL ALCOHOL
B y  A r m an d  D i  G iacom o

E. I. du Pont de Nemours & Company, Eastern Laboratory, Qibbstown 
N. J.

Received September 12, 1960

Although numerous studies of isocyanate con­
centration vs. time for the reaction of toluene-
2,4-diisocyanate (TDI) with a primary alcohol have 
appeared in the literature,1-6 no analysis of the data

(1) I. C. Kogon, J. Org. Chem., 24, 438 (1959).
(2) M. E. Bailey, et al., Ind. Eng. Chem., 48, 794 (1956).
(3) M. Morton and M. A. Deisz, Abstracts of Papers, Div. of Paints 

and Plastics, A.C.S. Meeting, September, 1956.
(4) £ J. J. Tazuma and H. K. Latourette, ref. 3.
(5) J. Burkus and C. F. Eckert, J. A m . Chem. S o c .. 80, 5948 (1958).

N H -C O -O R

(6) A. Di Giacomo, J. Poly. Sci., in press.
(7) R . G. Arnold, et al., Chem. Revs., 57, 47 (1957).
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T a b l e  II
C a lc u l a t e d  M o les  o f  (T ) ,  (Q), (R) an d  (S )  vs. %-NCO C o n su m ed

%-NCO
Consumed Caled. 1

- to— —
Caled. 2 Caled. 1

• (Q)------------- -
Caled. 2 Caled. 1 -(R)- Caled. 2 Caled. 1

-(S )--------------- -
Caled. 2

0 1.0000 1.0000 0.0000 0.0000 0.0000 0.0000 0.0000 0.0000
11.0 0.7819 0.7827 .0030 .0032 .0381 .0233 .1770 .1908
19.2 .6266 .6279 .0101 .0106 .0622 .0372 .3011 .3243
25.4 .5117 .5131 .0190 .0200 .0796 .0456 .3914 .4214
30.3 .4238 .4254 .0291 .0303 .0880 .0504 .4591 .4938
34.2 .3551 .3567 .0397 .0412 .0944 .0531 .5109 .5491
41.5 .2370 .2386 .0663 .0682 .1008 .0541 .5960 .6392
46.4 .1645 .1658 .0918 .0938 .1000 .0514 .6438 .6889
49.9 .1174 .1185 .1152 .1176 .0959 .1473 .6711 .7166
52.6 .0854 .0864 .1378 .1397 .0904 .0427 .6863 .7313
54.8 .0631 .0639 .1585 .1599 .0844 .0382 .6940 .7378
56.5 .0472 .0479 .1777 .1787 .0783 .0341 .6968 .7392
59.2 .0273 .0278 .2118 .2126 .0667 .0269 .6938 .7328
61.3 .0162 .0166 .2424 .2422 .0565 .0211 .6848 .7202
64.3 .0062 .0064 .2931 .2924 .0405 .0129 .6601 .6883
66.6 .0026 .0026 .3345 .3340 .0292 .0080 .6338 .6554
68.4 .0011 .0011 .3691 .3697 .0214 .0051 .6084 .6242

Constants
(l./eq.-hr.) fa fa Std. deviation, meq./ml.
Caled. 1 8.54 4.00 1.92 0.53 0.00118
Caled. 2 9.21 6.00 1.20 0.63 0.00115

0 _______ i_______ i_______ i_______ i_______ i_______ i
0 1 2 3 4 5 6

Time, hr.
Fig. 1.— [NCO] vs. time. Reaction of TDI with n-butyl 

alcohol in xylene solution at 80°.

ent equations (where each rate “ constant”  de­
pends slightly on hydroxyl8 and urethan9 concen­
tration).

-d (T )/d t =  (fa +  fa)(T)(OH)
—d(R)/di =  fo(RXOH) -  fa(T)(OH) (2)
—d(S)/di =  fa(SXOH) -  fa(TXOH)
2(T) +  (R) +  (S) =  total -NCO

Equations 2 were fitted to the -NCO vs. time 
curve with the aid of a Bendix G-15 computer. 
This automatic curve fitting procedure was found 
to be insensitive to the value of fa as may be seen 
from Table I, columns 3 and 4. Nonetheless, the 
approximate values of fa =  8.9, fa =  5, fa =
1.6, fa =  0.6 all in liters/eq.-hr., are an improve­
ment over reported values derived from similar 
data by analyses based on only two rate constants. 
Assignment of the largest value to the para- rather 
than the or^o-isocyanate group was based on 
studies10 which demonstrated unequivocally its 
greater reactivity.

(8) J. W. Baker, et al„ J. Chem. Son., 9, 19, 24, 27 (1949).
(9) J. W . Baker and J. B. Holdsworth, J. Chem. Soc., 713 (1947).

Notwithstanding the uncertainty in the values 
of the rate constants, the values, which were of 
primary concern, of (T) and of (Q) as a function of 
the %  -NCO consumed were computed with 
satisfactory accuracy by this procedure. The 
nearly equal values obtained with each of two 
sets of rate constants are shown in Table II. 
Values of the intermediates, (R) and (S), which 
are subject to a greater uncertainty, are also 
tabulated.

The assistance of Dr. A. L. Squyres in running 
the computer is gratefully acknowledged.

(10) D. M. Simons and R. G. Arnold, J. Am. Chem. Soc., 78, 1658
(1956).

SPECTROPHOTOMETRIC EVIDENCE FOR 
INTERACTION BETWEEN CHLOROFORM 

AND MONOETHYLAMINE
B y  L eo n  Se g a l

Southern Regional Research Laboratory,l New Orleans, Louisiana 
Received October 6, 1960

In an earlier paper by Segal and Jonassen2 evi­
dence for interaction between chloroform and ethyl- 
amine was reported, based on heat of mixing, dis­
tillation, and water-washing of chloroform-amine 
and hexane-amine mixtures. A change in refrac­
tive index was also reported which seemed to indi­
cate that a 1:1 complex was formed in the chloro­
form-amine system. From the data at hand the 
authors concluded that a hydrogen-bonded com­
plex was formed, where the bonding was through 
the C-H-t-N bond. More recent evidence for the 
hydrogen bonding power of chloroform is discussed 
by Pimentel and McClellan.3 An infrared spec-

(1) One of the laboratories of the Southern Utilization Research and 
Development Division, Agricultural Research Service, U. S. Depart­
ment of Agriculture.

(2) L. Segal and H. B. Jonassen, J. Am. Chem. Soc., 74, 3697 
(1952).
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FREQUENCY (CM-1) t

Fig. 1.— Infrared spectra of ethylamine in carbon tetrachloride and in chloroform.

tram of ethylamine in chloroform has been published 
in connection with studies on gossypol,4 but the 
bands are poorly resolved and no cognizance was 
taken of any possible solvent-solute interaction 
and its effect on the infrared spectrum.

This paper reports infrared speetrophotometric 
evidence for an interaction between chloroform 
and ethylamine which further confirms hydrogen 
bonding of the type C-H-*-N.

Experimental
Anhydrous ethylamine was drawn as a vapor from a 

cylinder, condensed in an all-glass apparatus, and stored in a 
refrigerator over sodium hydroxide pellets. Samples titrated 
with standard hydrochloric acid indicated a purity of 100%. 
Carbon tetrachloride and chloroform were of spectro- 
photometric grade. Infrared absorption spectra were ob­
tained at a rate of 0.5 /x per minute with a Perkin-Elmer 
Model 216-double-beam infrared spectrophotometer with 
sodium chloride prism, operated with the following settings: 
resolution, 927; gain, 6; response, 1; and suppression, 3. 
Cell thickness was 0.48 mm., and solution concentrations 
were 20.8 g./I. (0.46 M ) .

Results and Discussion
In the infrared spectrum of ethylamine in carbon 

tetrachloride where association of the amine does 
not occur, only the absorptions of the NH2 group 
are of interest here. These have been identified 
after extensive consultation of several works6 as

(3) G. C. Pimentel and A. L. McClellan, “ Thé Hydrogen Bond,” 
Reinhold Publ. Co., New York, N. Y., 1960, pp. 196-199.

(4) R. T. O’Connor, P. Yon der Haar, E. F. DnPre, E. E. Brown and 
C. H. Pominski, J. Am. Chem. Soc., 76, 2368 (1954).

(5) Use of a company and/or product named by the Department 
does not imply approval or recommendation of the product to the ex­
clusion of others which may also be suitable.

(6) R. N. Jones and C. Sandorfy in “ Chemical Application of Soec- 
troscopy,”  ed. bv W. West, Interscience Publ., New York, N. Y., 1956, 
pp. 247—580; H. M. Randall, R. G. Fowler, N. Fuson and J. R. Dangl, 
“ Infrared Determination of Organic Structures,”  D. Van Nostrand

being the unbonded N-H and NH2 stretching of a 
primary amine at 2.94 n, the NH2 scissoring mode 
at 6.15 n, the NH2 wagging mode at 8.92 ¡±, the C-N  
stretchings of a primary amine at 9.24 and 9.51 ¡i, 
an N -H  bending at io.39 m, and NH2 deform­
ations at 11.24 and 11.95 /x (Fig. 1). The spec- 
tram of ethylamine in chloroform shows shifts 
in the locations of several of these absorption bands 
and the presence of new bands. These shifts, and 
particularly the presence of the new bands, indicate 
the presence of hydrogen bonding in this system.

The strong absorption now appearing at 3.10 n 
indicates a strongly bonded NH2 group. The new 
mode at 4.00 /j. definitely fixes the bonding as that 
of C-H-«—N. An amine band in this region does 
arise from an amine hydrochloride where the group 
is -N H 3+, =N H 2+, and > N H +, but no hydrochlo­
ride is present here. Gordy,7 after observing the 
appearance of an absorption band at 4 n in systems 
involving chloroform, bromoform, pyridine, a- 
picoline, and piperidine, concluded that it was an 
NH vibrational band resulting from a hydrogen 
bond formed by sharing of the proton of the C-H 
haloform group and a N of the amine. He also 
concluded that this band is the most definite evi­
dence yet for the existence of the hydrogen bond. 
Thompson and Pimentel8 have more recently re­
ported the appearance of a strong band in this 
region for the solid obtained by freezing a gaseous 
mixture of chloroform and triethylamine at 77°K.
Co., New York, N. Y., 1949; L. J. Bellamy, “ The Infra-red Spectra 
of Complex Molecules,”  John Wiley and Sons, New York, N. Y., 1954; 
N. B. Colthup, J. Opt. Soc. Am., 40, 397 (1950).

(7) W. Gordy, Nature, 142, 831 (1938); J. Chem. Phys., 7, 163
(1939).

(8) W. E. Thompson and G. C. Pimentel, Z. Elektrochem., 64, 748 
(1960).
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However, they attribute this band, which shifted to
5.32 p when CDC13 was substituted for CHC13, to 
the C-H  bending mode of hydrogen-bonded chloro­
form.

Other changes in the ethylamine spectrum arise 
from this association between chloroform and 
ethylamine. The NH2 scissoring mode has shifted 
from 6.15 to 6.30 p. In the 8 -p region now appears 
a strong, broad band whose origin is quite puzzling. 
The NH2 wagging mode has shifted down to 8.85 p , 
the N -H  deformation at 10.39 has shifted down to
10.00 p, and the NH2 deformations at 11.24 and
11.95 p have shifted down to 11.12 and 11.64 p. 
Two new absorptions now appear in the C -N  
stretching region, located at 9.12 and 10.72 p . 
The 9.12-ju band can be reasonably assigned to a 
new NH2 deformation as it seems to be a harmonic 
of the bands at 3.10 and 6.30 p, but assignment of 
the 10.72-ju band cannot be made yet.

Acknowledgment.—The author is indebted to 
Miss E. R. McCall for the infrared spectra.

THE SHARPNESS OF THE TRANSITION 
IN REVERSIBLE PROTEIN 

DENATURATION1
By H. A. Scheraga, R. A. Scott,2 G. I. Loeb, A. Nakajima 

and J. Hermans, Jr .
Department of Chemistry, Cornell University, Ithaca, N. Y. 

Received October 7, 1960

This is an addendum to a recent paper3 on re­
versible protein dénaturation, and makes use of the 
model presented therein. The purpose of this 
note is to show how permanent cross-links and side- 
chain hydrogen bonds affect the sharpness of the 
transition in reversible dénaturation.

The observed standard free energy of dénatura­
tion is given by eq. 19, 33 and 34 for the model 
used previously.3

AF°obsd = (re -  4) A -  T A S \  +  AF»h (33) 
AS»» =  (TO -  l)A£»res +  AS»*/* (34)

AF»h =  - R T J 2  In (1 -  x n )  (19)

The fraction of the molecules denatured is given3’4 
by eq. 36.

„  =  [1 +  e AF°obed/RT]-i (36)

Defining the sharpness4 of the transition as da/dT 
at the transition temperature, Tp, where AF°0bsd 
= 0, we obtain

/ da\ _  (re — 4)A//°rea +  AH°H 
VdTyrtr ~  4 R T \ r

where AH°h is given by eq. 20.3 The terms AF0H 
and AH°b arise from the side-chain hydrogen bonds.

The pH-dependence of (da/dT) tv arises from 
the pH-dependence of Af/°n and of TV This is 
illustrated in Fig. 1 for the model previously de­
scribed,3 in which the crystalline unit is stabilized

(1) This work was supported by research grant No. E-1473 from 
the National Institute of Allergy and Infectious Diseases of the 
National Institutes of Health, Public Health Service, and by grant 
G-6461 from the National Science Foundation.

(2) U. S. Public Health Service Pre-doctoral fellow, National Heart 
Institute, 1959-1960.

(3) H. A. Scheraga, J. Phys. Chem., 64, 1917 (1960).
(4) J. A. Schellman, Compt. rend. trav. lab. Carlsberg, Ser. chim., 29, 

230 (1955).

Fig. 1.— Effect of a tyrosyl-carboxylate ion hydrogen bond 
on the sharpness of the transition of Fig. 12 of the previous 
paper.3

in the intermediate pH-region by one tyrosyl- 
carboxylate ion side-chain hydrogen bond. Thus, 
it can be seen that side-chain hydrogen bonding 
increases the sharpness of the transition. As shown 
previously,3 it also increases the transition tempera­
ture.

It is easiest to see the effect of cross-linking at a 
pH where AH°h and AF°h are zero, i.e., where no 
side-chain hydrogen bonds exist. Under these 
conditions, the transition temperature (from eq. 33) 
is

m  (re — 4) AH ° TeB 
tr -  AS»»

and
d«\ =  (AS»»)2
dP/Ttr 4R ( n  -  4) AH°res

Thus, since AfS°x is negative,6 Tn is raised by cross- 
linking, as pointed out by Schellman4 and Flory.6 
(See also Table I of previous paper.3) Further, 
(da/dT^Ttr decreases with increasing cross-linking, 
i.e., the transition becomes broader. For example, 
in the model used previously,3 the value of (da/ 
dUlTtr is decreased from 0.0250 to 0.0178 by the 
cross-linking.

The effect of increasing n was pointed out by 
Schellman.4 In the absence of cross-links and side- 
chain hydrogen bonds large n leads to

Ttr =  AH»res/AtS»res

and to increased values of (da/dT)^-
Proteins may, therefore, differ from synthetic 

polypeptides, as far as the sharpness of the transi­
tion in reversible dénaturation is concerned, if 
cross-links and side-chain hydrogen bonds are 
present in the protein but absent from the poly­
peptide. Obviously, any other phenomena which 
affect the enthalpy or entropy of the transition 
(such as breaks in the helix, hydrophobic bonds, 
etc.) may also affect the sharpness.

(5) P. J. Flory, J. Am. Chem. Soc., 78, 5222 (1956).
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PROTONATION IN 
N-METHYLACETAMIDE1

By Gideon Fbaenkel2
Gates and Crellin Laboratories of Chemistry, California Institute of 

Technology, Pasadena, California

Aharon Loewenstein and
NM R Laboratory, Weizmann Institute, Rehovoth, Israel

Saul Meiboom
Bell Telephone Labs., Murray Hill, N. J.

Received September 21, 1960

In a recent note by Spinner3 a discussion of the 
site of protonation in amides is given. In that 
note it is suggested that the n.m.r. evidence for 0 - 
protonation in N-methylacetamide and other 
amides is inconclusive. As we have shown pre­
viously,4 5-6 the N-methyl proton resonance of this 
molecule in very acidic solution consists of a sym­
metrical doublet presumably due to spin-spin inter­
action with a single N-hydrogen. Spinner, however, 
interprets this doublet as being due to non-equival­
ence of the methyl groups in different isomeric 
forms resulting from hindered rotation. We wish 
to point out that the symmetry of the doublet 
makes such an interpretation highly improbable 
as the equal intensity of the components would 
lead to the conclusion that the two isomeric forms 
have very nearly the same energy.

Two experiments were performed to show un­
ambiguously that the splitting of the N-methyl 
resonance in protonated N-methylacetamide is 
due to spin-spin interaction rather than a chemical 
shift.

1. The N-methyl resonance of a solution of N- 
methylacetamide in 100% H2SO4 consists of two 
equal lines while in 100% D2SO4 the same resonance 
consists only of a single line.

2. The separation of the M-methyl doublet in 
protonated N-methylacetamide is independent of 
the magnetic field (3.7 ±  0.3 e.p.s. both at 30 and 
60 Me.).

It is therefore clear that N-methylacetamide 
protonates predominantly on oxygen.

(1) Contribution No. 2580.
(2) Department of Chemistry, The Ohio State University, Evans 

Chemical Laboratory, 88 W. 18th Avenue, Columbus 10, Ohio.
(3) E. S. Spinner, J. Phys. Chem., 64, 275 (1960).
(4) G. Fraenkel and C. Niemann, Proc. Natl. Acad. Sci. ( U. S.), 44, 

688 (1958).
(5) A. Berger, A. Loewenstein and S. Meiboom, J. Am. Chem. Soc., 

81, 62 (1959).

ANALYSIS OF THE INTRINSIC VISCOSITY 
OF A POLYMER UNDERGOING 

SIMULTANEOUS CROSSLINKING AND
DEGRADATION
By Malcolm Dole

Department o f Chemistry, Northwestern University,
Evanston, Illinois

Received October 18, 1960

The effect of simultaneous crosslinking and deg­
radation on the intrinsic viscosity of a polymer 
has recently been considered theoretically in this 
country by Kilb,1-2 using the theory of Zimm and 
Kilb,3 and in Japan by Saito,4 Inokuti6 and Inokuti

and Katsuura.6-10 Saito,4 Kilb1 and Charlesby and 
Pinner7 all demonstrated that in the case of an 
initially random molecular weight distribution 
gelation is possible on irradiation only if the num­
ber of chain scissions is less than four times the 
number of crosslinks. Saito4 and Inokuti6-6 have 
concluded that in certain favorable cases the 
intrinsic viscosity of a polymer undergoing ir­
radiation may actually decrease before rising 
rapidly at the gel point, even if the effect of the 
formation of branch points due to the crosslinking 
is neglected. Kilb,1 however, demonstrated that 
the changes in intrinsic viscosity on irradiation are 
a function of the formation of branch points as 
well as of the scission to crosslink ratio. Black 
and Lyons8 calculated the G-value for scissions 
from the initial decrease of intrinsic -viscosity of 
polypropylene on irradiation neglecting both the 
effect of crosslinking and branch point formation 
on the molecular weight and shape of the mole­
cules. In this connection it should be noted that 
Shultz, Roth and Rathmann9 in their mathe­
matical analysis of the intrinsic viscosity of poly­
mers undergoing simultaneous degradation and 
crosslinking warned against “ basing molecular 
weights of irradiated polymers, or polymers other­
wise branched or degraded, on viscosity measure­
ments without corroborative evidence from other 
methods.”  With this conclusion we are in com­
plete agreement. Shultz, Roth and Rathmann 
assumed a random molecular weight distribution. 
Very recently Katsuura10 has extended the treat­
ment of Saito4 and Inokuti6-6 to allow for the effect 
of branching on the intrinsic viscosity.

It is the purpose of this note to demonstrate 
that if the initial molecular weight distribution is 
random and if the influence of branch points on 
the intrinsic viscosity is neglected, then contrary 
to the conclusions of Saito4 and Inokuti6-6 the 
intrinsic viscosity probably cannot decrease pro­
vided that gelation ultimately occurs. Suggestions 
will be made concerning experiments which could 
be performed to measure the effect of irradiation 
on the exponent of the intrinsic viscosity-molecular 
weight equation.

Nomenclature.—The symbols of Charlesby and 
Pinner7 will be adopted for the most part. Let

r, r, = total dose, and dose to the gel point, reap, in e.v./g.
p, q = total no. of scissions and crosslinked units per 

chain unit reap., after the dose r
Po, go = no. of scissions and crosslinked units per e.v.
p = p0Mo(r/NA), q = qoM0(r/Nx) where
Mo is the molecular weight of one chain unit and
IVa is Avogadro’s number
G(X), G(S) = Cr-values for crosslinks and scissions pro­

duced per 100 e.v.
G(X) = 100go/2; G(S) = lOOp,
(1) R. w . Kilb, J. Phys. Chem., 63, 1838 (1959).
(2) R. W. Kilb, J. Polymer Sci., 38, 403 (1959).
(3) B. H. Zimm and R. W. Kilb, ibid., 37, 19 (1959).
(4) O. Saito, J. Phys. Soc. Japan, 13, 198, 1451, 1465 (1958).
(5) M. Inokuti, ibid., 14, 79 (1959).
(6) M. Inokuti and K. Katsuura, ibid., 14, 1379 (1959).
(7) A, Charlesby and S. H. Pinner, Proc. Roy. Soc. {London), A249, 

367 (1959).
(8) R. M. Black and B. J. Lyons, ibid., A253, 322 (1959).
(9) A. R. Shultz, P. I. Roth and G. B. Rathmann, J. Polymer Sci., 

22, 495 (1956).
(10) K. Katsuura, J. Phys. Soc. (Japan). Kindly loaned in ad­

vance of publication by M. Inokuti.
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M n, Mw =  no. av. and wt. av. molecular weight 
[17] > Mo =  intrinsic viscosity after and before irradiation 
5 =  no. of crosslinked units per initial wt. av. molecule 
A , B  — empirical constants of the intrinsic viscosity 

equation

M  =  1 +  A r  +  B r*  (1)
WJo

K, a — empirical constants of the intrinsic vis­
cosity equation

M =  K M s  (2)
b =  empirical coefficient of the equation

M y, =  b M u (3)

The constants a, b and K  will be assumed to be 
functions of the dose.

Mathematical Analysis.— In the case of many 
polymers, the change of intrinsic viscosity with 
dose over the initial period of irradiation follows 
the empirical eq. 1. Differentiating (1) with re­
spect to dose, at zero dose, we have

Similarly from (2) inasmuch as M w, K  and a are 
functions of r
rdM /M o'~i ao f  d M „l
L dr .Jr=0 |_ dr +

In M y, ta. o+  K , dr Jr. ( 5)

Now, assuming that the production of scissions 
and crosslinking are independent processes

dMv rdAfwJ , rdMwl ,,y
~~dT =  Ld>r J x +  L d r J s  (6)

where X  and S represent the crosslinking and deg­
radation processes, respectively. From (3)

In terms of p0
M2n,oP 0 (8)

From gelation theories of Stockmayer11 and 
Charlesby12 provided that no degradation occurs

=
w 1 -  &

From eq. 9 we have, therefore
dsn = _ j_  rdMw~| 
drjo.x M w,o L dr J0,x 

and in terms of q0

dS~l   QoUw.o
d r jo .x  jV a

Combining (10) and (11); (7), (8) and (6); and 
introducing the results into (5), we obtain finally

In eq. 12 the first term on the right represents the 
change of the weight to number average molecular 
weight ratio as a consequence of the production of 
scissions, the second and third terms represent the

(11) W. H. Stockmayer, J. Chem. Phys., 12» 125 (1944).
(12) A, Charlesby, Proc. Roy. Soc. {London), A222, 542 (1954).

(9)

(10)

(11)

change in the a exponent and K  constant due to 
change of shape of the molecules with crosslinking 
and the fourth term the direct effect on the in­
trinsic viscosity of the production of scissions and 
crosslinking.

In the case of an initially random molecular 
weight distribution, b equal to 2 and constant,M-7

hence, in this case

A In M w.o

( 13)

(14)

Discussion
Let us consider the case of a polymer whose initial 

molecular weight distribution is random, b equal 
to 2. On irradiation, if gel ultimately forms, the 
weight average molecule weight must always 
increase irrespective of the ratio of q0 to p0 (gel 
will not form if 2 p0/q0 is equal to or greater than 
four). However, the intrinsic viscosity may 
initially decrease due to the effect of the crosslinks 
in changing the shape of the resulting molecules 
inasmuch as branched molecules have a lower 
intrinsic viscosity than linear molecules at the 
same molecular weight. In addition to this effect, 
Saito4 and Inokuti6'6 have concluded that the 
intrinsic viscosity can also decrease due to a change 
in the molecular weight distribution. Neglecting 
the change of the viscosity exponent a with ir­
radiation, they have calculated from viscosity 
theory that the term dX /dr of eq. 14 is negative, 
and in some cases outweighs the positive quantity 
a0/r g. Thus neglecting da/dr, eq. 14 becomes

However, Price, Martin and Bianchi13 found X  
to increase from 0.0805 to 0.326 and the viscosity 
exponent a to fall from 0.50 to 0.21 as the CH3/Si 
ratio in polysiloxanes was changed chemically from
2.0 to 1.5, or, in other words, as the branching 
increased. Chemical treatment of polymers can 
produce three kinds of branches, intermolecular 
crosslinks, intramolecular crosslinks (ring links) 
and branches which terminate without further 
reaction. Only intermolecular crosslinks lead to 
gel formation whereas all three types of branches 
effect the intrinsic viscosity. Thus, Schaefgen 
and Flory14 studied star-shaped polymers, up to 
the octachain type, in which the branches were all 
linear. From their data it can be shown that the 
constant X  of eq. 2 decreased as the branching 
increased, but that the a exponent increased 
slightly or remained constant. Gel formation, of 
course, could not occur hi this case. Limiting 
ourselves to polymers in which gelation did ulti­
mately occur, as in the work of Price, Martin and 
Bianchi,13 we can conclude that the constant A 
of eq. 15 cannot be negative provided that b is 
initially two, that da/dr is negligible and that

(13) F. P. Price, S. G. Martin and J. P. Bianchi, J. Polymer Sci., 22, 
41 (1956).

(14) J. R. Schaefgen and P. J. Flory, J. Am. Chem. Soc., 70, 2709
(1948).
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dK/dr is positive. As the transition is made from 
a linear polymer to a compact spherical molecule, 
a drops to zero and the K  constant rises to 2.5/p 
where p is the density of the compact molecule and 
the intrinsic viscosity is expressed in units of g ./ 
cc. These values of a and K  for compact spherical 
molecules follow from the hydrodynamic theory of 
solution viscosity of Einstein.15 Thus, on the 
basis of Price, Martin and Bianchi’s experimental 
results and of the Einstein theory, it would appear 
that dK/dr is positive and that the A of eq. 15 
will always be positive in contradiction to the 
conclusions of Saito4 and Inokuti.5'6 It should 
be pointed out, however, that this conclusion is 
academic and without practical importance inas­
much as da/dr is negative; i.e., it appears to be 
impossible to have K  change without a also chang­
ing. Furthermore, in many vinyl type polymers, 
b is significantly greater than 2 initially so that 
the term a0/b0 (d&/dr)0,s, of eq. 12 must be nega­
tive and far from negligible.

For illustrative calculations let us consider data 
of Shultz, Roth and Rathmann9 and of Kilb1 on 
polymers assumed initially to have a random 
molecular weight distribution. Kilb measured the 
intrinsic viscosity of polydimethylsiloxane; from 
his data a rough estimate of A  equal to 29 X 
10-22 g./e.v. can be made. From rg equal to
10.3 X  1019 e.v./g. and a0 equal to 0.79, a0/r g is 
77 X  10-22 g./e.v.

By difference

\nMw.„^  +  -58  x 10 ~22 g./e.v.

From the data of Price, Martin and Bianchi13 
quoted above, (l/K 0)(dK/dr) appears to be about 
one tenth the magnitude of In M w,0 (da/dr); 
neglecting it, we can estimate Aa to be about 
— 0.04 to the gel point. A similar calculation from 
the data of Shultz, Roth and Rathmann9 on poly­
styrene yielded an estimated Aa of —0.03, the same 
order of magnitude as the result of Kilb. In 
both cases these are esthnates of the total change 
in a up to the gel point. Thus, the change in 
intrinsic viscosity beyond that due to the in­
crease in molecular weight on irradiation up to the 
gel point can be explained on the basis of a de­
crease in a of about 0.03 to 0.04 unit.

We conclude that this method of analyzing the 
intrinsic viscosity data in the case of polymers 
ultimately undergoing gelation on irradiation and 
possessing initially a random molecular weight 
distribution can yield a first approximation of the 
extent to which the viscosity exponent a should 
change with the irradiation. Exact estimates 
would require a knowledge of dK/dr and, in 
general, d6/dr.

(15) A. Einstein, Ann. Physik, [4] 19, 289 (1906); 34, 591 (1911).

Acknowledgments.— The work of this note stems 
from a project sponsored by the Air Research and 
Development Command, U.S.A.F. Grateful ac­
knowledgment is expressed to R. W. Kilb and M. 
Inokuti for helpful comments.
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KINETICS OF EVAPORATION1

B y  S. S. P e n n e b

Div. of Engineering, Calif. Inst, of Tech., Pasadena, Calif.

Received January 19, 1961

Professor M. Boudart of Princeton University 
has kindly called my attention to an error in the 
derivation of the rate equation for the kinetics of 
evaporation from absolute reaction rate theory. 
He has pointed out that, if consistent estimates are 
made for the free volume in the equation for the 
partition function per molecule in the liquid, as 
well as in the vapor pressure equation, then the 
Hertz-Knudsen equation is obtained with or 
without the assumption that the communal entropy 
has its full value R. Thus the free volume Vf in 
the expression for the partition function

Q = — f — *"
should not be vt but2 rather evt when the communal 
entropy is R and the usual expression is used for the 
vapor pressure, viz.,

IcT
V =  —  e x p ( - A H J R T )

v .

Introduction of the specified changes makes it 
unnecessary to assume that the fundamental 
equilibrium assumption of absolute reaction rate 
theory must be abandoned in order to obtain a 
theoretical relation that is in accord with the 
experimentally verified Hertz-Knudsen equation.

The result obtained from a straightforward 
application of absolute reaction rate theory, using a 
model in which the activated complex moves 
freely at the surface, is identical with the non­
equilibrium theory of Mortensen and Eyring.3 
Professor Boudart states in a private communica­
tion that it is gratifying to note that all difficulties 
have been removed from a theory possessing “ the 
beautiful simplicity of absolute rate theory with a 
transmission coefficient equal to unity and the 
usual equilibrium assumption.”

(1) S. S. Penner, J. Phys. Chem., 56, 475-479 (1952).
(2) See, for example, K. F. Ilerzfeld and T. A. Litovitz, “ Absorption 

and Dispersion of Ultrasonic Waves,”  Academic Press, Inc., New 
York, N. Y., 1959, p. 379.

(3) E. M. Mortensen and H. Eyring, J. Phys. Chem., 64, 84G 
(1960).
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COMMUNICATIONS TO THE EDITOR

THE RADIOLYSIS OF BENZENE BY 
DENSELY IONIZING RADIATIONS1

S ir:
Previous comparisons of the chemical effects on 

aliphatic hydrocarbons of fast electrons with those 
of more densely ionizing particles have indicated 
little difference between the two types of radiations.2 
In aromatic systems, however, since the yields of 
most products are low, it might be expected that a 
change of linear energy transfer (LET) would 
result in an observable change in the over-all 
radiation chemistry of the system. In particular 
one might expect a pronounced effect on the yield 
of hydrogen from benzene since this product 
accounts for only a small fraction of the total 
decomposition in the case of y-rays. Indications 
of variation of product yield with LET have been 
obtained in early work by Sworski and Burton3 
and more recently by Burns and co-workers4 and by 
Boyd.6 This problem is of considerable technologi­
cal importance because of the use of aromatic 
systems as moderators and coolants in reactors. 
This communication reports preliminary experi­
ments on the radiation decomposition of benzene 
by cyclotron helium ions and deuterons which 
further indicate that the yield of hydrogen pro­
duced by heavy particle radiations is considerably 
in excess of that produced by fast electrons. Little 
effect on the yields of polymeric products is ob­
served.

Phillips research grade benzene was thoroughly 
degassed and dried over Molecular Sieves, distilled 
to the irradiation vessel and sealed. Irradiation 
techniques were similar to those employed in pre­
vious studies.2 Hydrogen gas was measured in a 
McLeod gauge after pumping from the sample at 
— 196°. Acetylene was pumped from the sample 
at —120°. Higher molecular weight products were 
measured gas chromatographically using DC710 
silicone oil as the separating fluid. More than five 
components were found in the Ci2 region. The 
main products were biphenyl, phenylcyclohexa- 
diene-2,5 and phenylcyclohexadiene-2,4. Details 
of the y-ray and fast electron radiolysis will be 
published elsewhere.6

The yields of gaseous products are given in Table 
I. The present value for the hydrogen yield ob­
tained in the y-ray experiments compares very well

(1) Work supported in part by the U. S. Atomic Energy Commission 
and the Swiss Kommission fur Atomwissenschaft. T. G. is indebted 
to the Centenarfonds of the Swiss Federal School of Technology for a 
Grant-in-Aid.

(2) R . H. Schuler and A. O. Allen, J. Am. Chem. Soc., 7 7 ,  507 
(1955); H. A. Dewhurst and R. H. Schuler, ibid., 81, 3210 (1959); 
R . H. Schuler, J. Phys. Chem., 63, 925 (1959).

(3) T. J .  Sworski and M. Burton, J. Am. Chem. Soc.., 73, 3790 
(1951).

(4) (United Nations) Proc. 2nd Inti. Conf. Peaceful Uses of Atomic 
Energy, 29, 266 (1958).

(5) Abstracts 138th American Chemical Society Meeting, New 
York, N. Y., 1960.

(6) T. Giiumann, Helv. Chim. Ada, to be published.

T a b l e  I
Y ie l d s  o f  G a se o u s  P ro d u cts

H-2 pro- 
Dose° duced

Radiation ev. X 10- 21 moles X 106 G (H ,) C i/ H ,»

Co-60 7-rays 2.52 1.57 0.0378 (0.49)‘
3.58 2.23 .0377 .53

18 Mev. deu­ 12.8 9.94 .047 .53
terons 25.0 19.0 .046 .54

31 Mev. helium 1.10 1.34 .074 .54
ions 3.70 4.8 .078

8.55 11.6 .082
12.5 15.5 .075 .55
17.0 23.0 .082 .54
32.0 39.7 .075 .55
61.5 79.3 .078 .54

° In 10-ml. sample. 1 Mass spectrometric analysis shows 
this fraction to be 95-98% acetylene with small amounts of 
C3 and C4 as additional products. c C f. ref. 6.

with other published values. It is apparent from 
these data that the heavy particles produce a con­
siderably higher yield of hydrogen than do fast 
electrons. This is in agreement with the work 
of Bums and of Boyd. Peculiarly the ratio of 
yields of acetylene to hydrogen for the densely 
ionizing radiations is essentially the same as for fast 
electrons. This indicates, as has been noted be­
fore,7 that these compounds are produced from 
common precursors.

In the radiolysis of benzene the yields of Ci2 
produces other than biphenyl are dependent on 
total dose. For this reason a comparison of the 
effects of different types of radiation on the heavy 
produces has only limited significance. Table II 
shows 'hat the yield of biphenyl is little affected 
in going from electrons (LET ~  0.02 ev./A.) to 
32 mev. helium ions (LET 2 ev./A.) although a 
slight change in product distribution was ob­
served. This is in contrast to the large effect on 
hydrogen production but in agreement with the 
relatively small change found by Burns in polymer 
formation produced by fast neutrons.

T a b l e  II
Y ie l d s  of C I2 P r o d u cts“

Radiation G(biplienyl)
Co-60 7-rays 0.065
32 mev. helium ions 0.063
1.5 mev. helium ions6

sci e,,)
C(biphenyl)

1.45
1.74
2.03

“ At total dose of 6 X 1019 ev./g. 6 Recoil radiations from 
B(n, a)Li reaction. Benzene containing 4.2 mg. of deca- 
borane per nil. irradiated with thermal neutrons.

The above effects are certainly not under­
stood in any detail at the present time. It does not 
seem likely that the increased hydrogen yield can 
arise from track recombination of hydrogen atoms 
because of the high reactivity of the solvent in this 
case nor would such an explanation predict a

(7) R. H. Schuler, J. Phys. Chem., 60, 381 (1956).
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parallel increase in acetylene formation. Alternate 
explanations might involve the bimolecular reaction 
of long-lived excited species, multiple ionization of a 
single molecule or of near neighbors, or other specific 
effects which could occur at the end of the path of 
the ionizing particle. Further detailed studies are 
in progress.
E id g en ö ssisch e  T e c h n isc h e  H ochsch ule
Z u r ic h , Sw it ze r l a n d  T in o  G ä u m an n
M e ll o n  I n st itu te  R o b e r t  H . Sc h u l e r
P it t sb u r g h , P e n n sy l v a n ia , an d
B r o o k h a v e n  N a t io n a l  L a b o r a t o r ie s
U pto n , N e w  Y o r k

R e c e iv e d  M arch  20, 1961

THE ONSAGER COEFFICIENT Z 12 IN 
TRANSPORT OF BINARY 

ELECTROLYTES
Sir:

Miller1 has pointed out the importance of the 
coefficient Ln in the Onsager phenomenological 
equations for diffusion, conductance, and trans­
ference of a binary electrolyte. He suggests that 
Lu/I (where I  is ionic strength) approaches a 
common slope for electrolytes of different valences. 
As a matter of fact, the slope for a given electrolyte 
computed from the Debye-Onsager theory de­
pends somewhat on specific properties, but turns 
out to be almost constant for various electrolytes.

The theoretical expression for Ln can be written 
compactly in terms of the equivalent concentration, 
ce, Hittorf transference numbers, U and f2, and the 
so-called kinematic diffusion coefficient, D, which 
is equal to the Fick diffusion coefficient divided by 
(1 +  d ln i//d  Inc)

i nnn , » w D
Ce "  22S2 +  v R T

where z% <  0 is the valence of the anion, and the 
other symbols have their usual significance2 (v 
is used in place of Miller’s r). Differentiation by 
V cl gives the limiting slope of the Lm/ce curve in 
terms of the limiting slopes (<SA)i and (dfA)2 for 
equivalent ionic conductances and ¿>d for diffusion:

ztf2

[h \S A h  +  h2(SA)d +

Expressions for the <SA’s and Sr> can be taken from 
standard works2 and evaluated for salts for which 
values of h, L, and A are available at infinite dilu­
tion. The theoretical values are given in Table I

(1) D. G. Miller, J. Phys. Ch-.m., 64, 1S98 (I960).
(2) E. g., H. S. Harned and B. B. Owen, “ The Physical Chemistry 

of Electrolytic Solutions,1 ’ 3rd Edition, Reinhold Publishing Corp., 
New York, N. Y., 1958.

Figure 1.— Experimental and theoretical values of —Ln/ce. 
The intercepts are separated by 0.1 X  10-18.

T a b l e  I
T h e o r e t ic a l  V a l u e s  o f  S n  X 1018 

LiCl NaCl KC1 CaCl2 LaCl,
2.248 2.361 2.536 2.206 2.145

for several chlorides in water. Comparison with 
experimental values is shown in Fig. 1. The four 
lower-valent salts exhibit an exceptional conform­
ance with the linear limiting laws (solid lines), up to 
ce>0.1, a property that is not shared by other quan­
tities associated with electrolytes, including the 
Onsager coefficients Ln and Z 22. It is a curious 
fact for these electrolytes that diffusion coefficients 
can be obtained more accurately from the theoret­
ical value of L \2  and the experimental value of A, 
than directly as the theoretical value on which 
calculation of Ln is based.

The data on LaCl3 appear to be approaching a 
slope (dashed line) about 35% higher than the 
theoretical.
P e tr o l e u m  R e se a r c h  C e n t e r
B u r e a u  o f  M in e s  P h il ip  B . L oren z
U. S. D e p a r t m e n t  of t h e  I n t e r io r  
B a r t l e s v il l e , O k l a .

R e c e iv e d  Ja n u a r y  16, 1961
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use of the theory, often called ligand-field 
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