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When the temperature range of 500 to 700°K. was investigated the principal reaction of 2-butanol in the presence of a 
mixed copper-chromium oxide catalyst at temperatures between 600 and 700°K. was dehydration. The rate of water 
production, measured by a modified Karl Fischer reagent, was first order with respect to water produced. The heterogeneous 
gas-solid reaction was studied using a flow system and the flow rate equation of Neish. The specific reaction rate constant, 
k, ranged from 0.013 sec.-1 at 498°K. to 0.945 sec.-1 at 730°K. The activation energy was 13,000 cal. per mole, and the 
entropy of activation was —41.6 ±  0.3 e.u. at 600°K.

Introduction
Two reactions have been observed when vapor

ized 2-butanol was passed over a catalyst composed 
of copper oxide and chromium oxide mixed to
gether.2 3 One reaction was dehydration and the 
other was dehydrogenation. Dehydration was 
slight below 500°K., but was found to be the prin
cipal reaction at temperatures above 600°K. A 
kinetic study of the over-all reaction seemed war
ranted because of the predominance of this dehy
dration reaction at higher temperatures. The 
rate of water production was determined by analyz
ing the products for water utilizing a modified3c-4 
form of the Karl Fischer (K.F.R.) reagent.

E xperim ental
The 2-butanol, Eastman, was dried over calcium carbide 

and then distilled through a six-inch Vigreux column. The 
fraction distilling at 98 and 100° was collected and mixed 
with approximately 10% by weight of the copper-chromium 
oxide catalyst to remove possible catalyst poisons. After 
a week the alcohol was filtered and redistilled and the same 
fraction was retained for use.

The catalyst, prepared according to the method of Con
nor, Folkers and Adkins2“ (37-KAF), was the same as that 
employed by Griebstein2b in vapor phase dehydrogenation

(1) Abstracted in part from a Thesis submitted for the degree of 
Master of Science at Kansas State University.

(2) (a) R. Connor, K. Folkers and H. Adkins, J. Am. Chem. Soc., 64, 
1138 (1932); (b) W. J. Griebstein, Ph.D. Dissertation, Kansas State 
University, 1953; (c) J. D. Stroupe, J. Am. Chem. Soc., 71, 569 (1949).

(3) J. Mitchell, Jr., and D. M. Smith, “ Aquametry,”  Interscience 
Publishers, New York, N. Y., 1948; (a) p. 86; (b) p. 94; (e) p. 147; 
(d) p. 121,

(4) G. Wernimont and F. J. Hopkinson, Ind. Eng. Chem., Anal. Ed., 
16, 272 (1943).

kinetic studies of 2-butanol Griebstein’s values were re
produced for comparison during the course of this work. 
The catalyst is here referred to as copper-chromium oxide.2 
Stroupe20 has given X-ray diffraction evidence for the pres
ence of two oxides, CuO and CuCr20 4, in the catalyst.

This catalyst was produced as follows211: a solution was 
prepared by dissolving 31.3 g. (0.12 mole) of barium nitrate 
in 100 ml. of boiling distiled water. Then 261 g. (1.08 
moles) of cupric nitrate trihydrate was added, diluted to 
900 ml. with boiling distilled water, and the temperature 
held constant at 80° until all of the cupric nitrate had dis
solved .

A second solution was prepared by adding 151 -2 g. (0.6 
mole) of ammonium dichromate to 225 ml. (3.33 moles) of 
concentrated ammonium hydroxide solution, stirred until 
all of the ammonium dichromate had dissolved, then diluted 
to 900 ml. with cold distilled water. The hot solution of 
cupric nitrate and barium nitrate was added slcwly with 
stirring to the second solution. The heavy yellow-brown 
precipitate of basic copper ammonium chromate which 
formed immediately was filtered from the warm solution, 
and dried overnight at 75°. The resulting hard, dry mass 
was pulverized until it would pass a 20-mesh screen.

Portions of the yellow-brown precipitate were carefully 
heated. This decompositicn of the chromate evolved con
siderable heat and the reaction became uncontrollable if the 
heat was not dissipated by stirring. Overheating would 
lead to a greenish colored product with very little, catalytic 
activity. Controlled decomposition gave a finely divided 
brownish-black powder. This was stirred into 600 ml. of a 
10% acetic acid solution, allowed to stand for 30 minutes, 
filtered, washed six times with 100-ml. portions of distilled 
water and dried overnight at 125°. Thorough washing 
with dilute acetic acid and water was necessary to remove 
residual undesomposed basic copper ammonium chromate 
from the catalyst. Six preparations, combined to give a 
yield of 1074 g., were made and mixed together by pulveriz
ing to give the catalyst used in these dehydration studies.

400-500°
2Cu(OH)NH4Cr04-------------->- CuO +  CuCr20 4

1089
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Fig. 1.— Calibration of the modified Karl Fischer reagent 
in the kinetic system.

Barium nitrate is used to replace 10% of the cupric nitrate in 
order to make the catalyst more resistant to loss of activity 
on use.2“ . The chemicals: barium nitrate, cupric nitrate 
and ammonium dichromate, were all J. T. Baker Analyzed 
Reagents and used as purchased.

The procedure outlined by Thomas5 for determination of 
the active surface area of a catalyst by titration with KOH 
was employed here. Five grams of the catalyst was shaken 
with 200 ml. of previously standardized, O.i N  KOH. A 
20-ml. aliquot was taken and titrated with standard, 0.1 N  
HC1 using three different indicators, methyl orange, methyl 
red and phenolphthalein. For nine determinations the 
average amount of base neutralized by the catalyst was 6.0 
milliequivalents. Assuming the active sites to be Lewis acid 
in nature, the milliequivalents of base titrated correspond 
to the number of active sites on the surface of the 5 g. of 
catalyst used. The number of active sites calculated by 
this method is 3.61 X 1021, ±  0.06 X IQ21.

The modified K .F .R .3'  (M .K .F .R .) of Wernimont and 
Hopkinson4 was employed. It contained 87.4 g. of iodine, 
020 ml. of pyridine, 30 ml. of methyl alcohol and 45 ml. of 
liquid sulfur dioxide. The pyridine was Baker Analyzed 
Reagent (water less than 0.05%), and the iodine was Baker, 
II.S.P. resublimed. The methanol which contained less 
than 0.1%  water was Mallinekrodt, Reagent Grade. The 
sulfur dioxide was 99.5% pure from Matheson Co. and had 
less than 0.5%  water. The wetter equivalence of this
M .K .F .R ., expressed in mg. water per ml., was determined 
by adding known amounts of water to a sample of the re
action condensate and titrating the resulting mixture with 
the M .K .F .R . Carbonyl compounds have been shown30 
to interfere with this water titration; this interference is 
characterized by a rapidly fading end-point and subsequent 
high apparent water content. Carbonyl compounds tend 
to form acetals and ket.als with the methanol present. In 
order to overcome this interference the standard3“ K .F .R . 
was modified so as to greatly reduce the methanol and in
crease the pyridine content. K .F .R .3'1'6 has been reported 
to have virtually no tendency to react with unsaturated 
compounds. There was no measurable interaction be
tween the. M .K .F .R . and reaction products. A series of 
different mixtures ranging from 15 to 85 mole %  2-butanol in 
2-butanone was prepared and the results are shown in Fig. 1. 
Varying amounts of water, ranging from 40 to 230 g., were

(5) C. L. Thomas, Tnd. Eng. Chem., 41, pt. 2, 2504 (1949).
(0) (a) K. Fisher, Angew. Chem., 48, 394 (1937); (b) C. D. Me.Kimey,

,Tr., and R. T. Hall, lvd. Eng. Chem., Anal. Ed., 15, 400 (1943).

added to each of these mixtures. The precision of these 
water determinations was four parts per thousand. This
M .K .F .R . was standardized at the start and at the finish 
of every change in temperature or feed rate, always within a 
period of four hours.

The kinetic rate measurements were calculated from 
knowm amounts of 2-but.anol vapor introduced into the 
catalyst chamber, the amounts of water produced by the 
reaction, and the temperature of the catalyst bed. The 
apparatus was essentially that of Komarewsky and Riesz,7 
except that the input portion consisted of a motor driven 
hypodermic syringe connected to a preheater. A vari
able speed motor advanced the plunger of a syringe at a 
constant rate. The delivery rate in ml. per second of the 
syringe was calibrated from the weight of mercury dis
charged. The temperature was measured by a platinum- 
platinum iridium thermocouple fixed in a well located in the 
center of the catalyst bed. The thermocouple was cali
brated using the freezing point and boiling point of water 
and the melting point of potassium dichromate as standard
izing temperatures.

Vapor products of the dehydration reaction were bubbled 
into an electrolysis cell filled with 50 ml. of M.K.F.R.. and 
the vapors titrated conductometrically to a dead stop end
point.31’ Mitchell and Smith3“ have referred to this proce
dure as the back titration. This back titration methoc gave 
a sharp, reproducible end-point with a precision three times 
better than when the titration was made in the forward 
direction.

Calculations.—The concentration of water pro
duced, in moles per liter, was calculated from 
known values of the water equivalence, the volume 
of M.K.F.R., and the molecular weight of water. 
A zero order was found for this reaction when the 
quantity of water produced was plotted against the 
corresponding time of its production. If the 
velocity of the reaction is controlled by the decom
position of the catalyst-product complex, Schwab8 
and Hinshelwood9 have concluded the order of the 
reaction should be either zero or reciprocal first, 
order. The true order of the reaction will be the 
one corresponding to the average time a 2-butanol 
molecule spends in the catalyst bed before it reacts. 
This average time of residence in the catalyst bed by 
reactant molecules will be referred to as the time of 
reaction. In calculating the time of reaction it is 
assumed that the reaction occurs throughout the 
length of, and only in, the catalyst bed. The 
average time of reaction was found by dividing the 
volume available for vapor in the catalyst bed by 
the volume of vapor passing through it per sec. 
The volume of 2-butanol vapor entering the cata
lyst bed per second is given by the expression10 

GV0[(N  +  n.)/AT]d<
where G is the number of moles of 2-butanol enter
ing the catalyst bed per second and V0 is the spe
cific volume of 2-butanol corrected by the mole frac
tion, (N -f- ri)/N. For each molecule of 2-butanol 
reacted two molecules of product were formed, i.e., 
a molecule of water and a molecule of 1- or 2-butene. 
The volume of void space, V, in the catalyst bed 
was found by integrating from the entrance to the 
exit of the bed, i.e.

(7) V. I. Komarewsky and C. A. Riesz, Oil and Gas J., 42, no. 7 91
(1943).

(8) G. Schwab, “ Catalysis,”  trans, by H. S. Taylor and R. Spence, 
D. Van Nostrand Co., New York, N. Y., 1937, p. 221.

(9) C. N. Hinshelwood. "Kinetics of Chemical Chance in
Systems,”  3rd Ed., Oxford, England, 1033. r' : •

(10) A. C. Neish, Can. Research, 23B, 5.5 (JQ.j.~j
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where V  is the volume available for vapor, and A  
is the area of void space in an incremental length 
of the bed, d.r. Because a gas occupies all of the 
space available in its container, the void space 
equals the volume of vapor passing through in unit- 
time. Equating the volume of 2-butanol vapor 
entering the catalyst bed to the volume of void 
space gives10

CrVtt J ‘ l(N +  n)/N] di =  f *  A dx

This void space, V , measured by the displaced 
volume of an inert solvent (benzene), was equal to
6.2 ml. for 5 g. of catalyst. To integrate the left
side of the above equation, a substitution of n/N = 
1 — ekt (from the integrated first-order rate equa
tion) was made for the mole fraction term, 1 +  
(n/N). The equation becomes:

ToG j J  (1 +  1 -  eM) dl = V

which upon integration gives
V =  ToG {‘2t +  nt/(N In [(V  -  n)/N])\

VoG is the volume of reactant vapor delivered to 
the catalyst per second. The equation, solved for 
t, and with VoG replaced by N'RT/P from the ideal 
gas equation, becomes: ¿(sec.) =  2.263P/N'TB,
where B =  1 — n/¡4.606 N  log [At/(Ar — n) ] }. 
Again rearranging the Neish10 equation and sub
stituting for dt gives the specific reaction rate con
stant, 1c, as

k/sec. =  (2N'RT/PV) {\n[N/{N -  n)] -  n/2N\

where k has t-he units of reciprocal seconds, N 
is the moles per liter of 2-butanol entering the 
catalyst bed, and n is the moles per liter of water 
being formed. N ’ is the number of moles per sec
ond of alcohol being delivered to the catalyst. 
This equation was used to calculate the data shown 
in Fig. 2.

The apparatus was not designed for work above 
700°K.; however the catalyst was stable to 800°K. 
Two techniques were employed to determine the 
order of the reaction. The first method, that of 
plotting 2.303 log [N/(N — rt) ] — n/2N against 
PV/2N'RT, is shown in Fig. 2. The linear rela
tion, shown by this graph, classifies this process as a 
first-order reaction. The second method of as
signing the reaction order was based on t-he con
stancy of k calculated from the first-order equa
tion10 for feed rate changes of more than 100%. 
The specific reaction rate constant, k, was found 
to be 0.166 sec.-1 at 576°K. The rate constant 
of the first-order dehydration of 2-butanol varied 
from 0.013 sec.-1 at 498°K. to 0.945 sec.-1 at 730°
K., as shown in Fig. 3.

An activation energy of 13,000 cal. per mole 
was calculated from the slope of the straight line, 
shown in Fig. 3. The intercept of this plot gave a 
value for the Arrhenius frequency factor, A , of
8.32 X 103 sec.-1. Writing the Arrhenius equa
tion in its final form by substituting the values 
calculated from the data gives k(sec.-1) = 8.32 X 
103 exp (13,000/72 T). This equation was then 
written in the absolute reaction rate form to per
mit calculation of entropy of activation

k = K{k’T/h) exp(AS*/R) e x p ( -A H*/RT)

Fig. 2.— Treatment of data from the rate experiments.
ln[iV/(iV — n )] — n/2N is plotted vs. PV/2N'RT  in seconds. 
The slope is 1 /¿ , which is the reciprocal of the specific reac
tion rate constant.

Fig. 3.—Effect of temperature on the dehydration reaction.

where AS* is the entropy of activation and k is the 
specific reaction rate constant. T is the tempera
ture in °Iv. and k' is the Boltzmann constant. 
The activation energy, Ea, is taken as AH*. As
suming the transmission coefficient, k, to be unity 
the equation was solved for AS* and these values 
are assembled in Table I along with specific reac
tion rate constants and corresponding tempera
tures.

D iscu ssion
The initial step of the dehydration reaction can 

best be explained in terms of chemical combination, 
rather than physical adsorption, because of the 
temperatures employed.11 Copper or chromium 
ions present in the surface are considered to be 
“ active sites” of the catalyst. Chemical adsorp
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tion will be described here as the formation of a 
coordinate covalent bond11 between available elec
tron pairs on the hydroxyl oxygen of 2-butanol with 
the vacant orbitals of the exposed metals ions. 
This bond formation may also be discussed in 
terms of Lewis acids and bases,12 the complexes 
being formed between metals serving as electron 
acceptors and organic molecules serving as electron 
donors.

T able  I

K in e t ic  a n d  T h e r m o d y n a m ic  D a t a  f o r  t h e  D e h y d r a t io n  
R e a c t io n  o f  2 -B u t a n o l  o v e r  C o p p e r - C h r o m iu m  O x i d e  

C a t a l y s t

T, °K. k (sec. >) AS*, e.u. ±  0.3 e.u.
500 0 .0 2 0 - 4 1 . 5
5 25 .0 3 6 - 4 1 . 5
550 .0 6 8 - 4 1 . 5
575 .1 1 0 - 4 1 . 7
600 .1 7 8 - 4 1 . 7
625 .2 6 9 - 4 1 . 8
650 .4 3 9 - 4 1 . 9
675 .5 7 5 - 4 1 . 9
700 .9 2 0 - 4 1 . 9

In determining whether water or hydrogen is 
produced, the primary factor to be considered is the 
availability of sufficient energy to break the appro
priate bonds. This energy must come from the 
catalyst. When the catalyst complex is formed, 
the electron density around the oxygen is decreased. 
Hence, the hydroxyl hydrogen of the complexed 
alcohol becomes acidic and can react with the 
hydrogen on the adjacent carbon thus forming 
molecular hydrogen. Ketone is simultaneously 
produced. The bond between carbon and oxygen 
is polarized during complex formation and the 
carbon-oxygen bond can dissociate producing 
water and butene. The hydrogen on the carbon 
adjacent to the hydroxyl group is assumed (o be 
involved in both dehydration and dehydrogenation. 
Our work has shown that only 2% of the 2-butanol 
had reacted to form water2b between 500 and 559° 
K. Almost no hydrogen was produced at 700° K. 
and the production of water accounted for 99% 
of the reacted 2-butanol. The predominance of 
dehydration over dehydrogenation at higher tem
peratures is the result of a higher energy require
ment for dehydration.

The activation energy for dehydration, deter
mined experimentally here, is 13 keal. This value 
is too small to account for the energies required to 
break the bonds13 described previously. Better 
agreement was found between this experimental 
value of 13 keal. and the dissociation energy of the 
complex formed between products and catalyst. 
These complexes are formed by water coordinating

(11) P. H. Emmett, “ Catalysis, Fundamental Principles,”  Pt. 1,
Reinhold Publ. Corp., New York, N. Y., 1954; (b) D. A, Dowden, 
J . Chem. Soc., 24 (1950); (c) K. Huang and G. Wyllie, Disc. Faraday 
Soc., 8, 24 (1950); (d) D. D. Eley, ibid., 8, 34 (1950); (e) K. J. Laidler, 
ibid., 8, 47 (1950); (f) T. Kwan, Advances in Catalysis, VIII, 100
(1954); (g) J. H. de Boer, ibid., VI, 18 (1954).

(12) (a) Pines and Haag, ./. Am. Chem. Soc., 82, 2471 (1960);
(b) C. Walling, ibid., 72, 1164 (1950); (c) H. A. Benesi, ibid., 78, 5490 
(1956); (d) M. W. Tamele, Faraday Soc. Disc., 8, 270 (1950); (e)
T. Milliken, G. A. Milk and A. G. Oblad, ibid., 8, 279 (1950).

(13) T. L. Cottrell, “ The Strengths of Chemical Bonds,” Academic 
Press, New York, N. Y., 1954.

with Cu++ or Cr20 3. The dissociation energy14 for 
Cu++ (aq.) is 15.39 keal. and for Cr2Os (aq.) is 2.5 
keal. The 13 keal. measured here is in agreement 
with the work of Kalberer and Dohse.15 They 
measured the heat of chemisorption of water on a 
similar catalyst. If one step in a reaction mech
anism is significantly slower than the others, it will 
control the kinetics of the over-all process. As
suming that the rate-controlling step is the dis
sociation of the reaction products complexed to 
the catalyst, these values account for the acti
vation energy. The experimentally determined 
first-order rate of reaction is in agreement with this 
assumption.

The large negative entropy of activation ( — 41.6 
e.u. for dehydration and —49.7 e.u. for dehydro
genation21’) can be explained in terms of chemical 
adsorption of the reacting molecules on the cata
lyst sites.16 The reactant has three degrees of trans
lational freedom, plus rotation, which are probably 
lost in formation of the activated complex.11'16 
This indicates a considerable loss of entropy ac
companying the formation of the complex state. 
The entropy of activation is estimated16 to be —56 
e.u. per mole for an immobile adsorption followed 
by dissociation of the adsorbed complex. The 
process of adsorption in forming the immobile 
layer produces a theoretical change of entropy of at 
least —110 e.u. per mole.16 Therefore, the increase 
in entropy contributed by dissociation of the com
plexed product is about +54 e.u. The entropy 
increase resulting from the other product (butene) 
which is not complexed to the catalyst is approxi
mately +  16 e.u. Adding this +70  e.u. to the
— 110 e.u. leaves a resultant entropy value of about.
— 40 e.u. This agrees with our measured entropy of
— 41.6 e.u.

The main contribution to the over-all entropy of 
activation does not seem to come from the rate- 
controlling step. It is necessary to assume the 
velocity of the adsorption step to be the most rapid 
one as did Taylor,17 who qualitatively justified this 
assumption by consideration of the availability of 
active sites on the catalyst surface. A catalyst 
surface, congested by complexed molecules, will 
sterically hinder the approach of molecules to the 
catalyst sites. Steric hindrance is practically 
eliminated as a factor in retarding the reaction if 
there is a large excess of available sites, as would 
be the case if the rate of flow of the reactant is 
kept below the catalyst’s maximum efficiency. 
Diffusion controlled reactions generally involve 
small entropy changes. The diffusion effect on 
the reaction rate should be evaluated, especially 
if the catalyst was of variable particle size. The 
same catalyst, which had a homogeneous particle 
size, was used throughout this ’work so that the 
diffusion effect is considered negligible.

Titration of the catalyst gave 3.61 X 1021 active 
sites on the surface of 5 grams of the powdered 
catalyst. In the present work 0.62 X 10 ~4 mole

(14) “ Selected Values of Chemical Thermodynamic Properties,”  
Nat. Bureau of Standards Circular No. 500, 1952.

(15) Dohse and Kalberer, Z. physik. Chem., 5B, 131 (1929).
(16) S. Glasstone, K. Laidler and H. Eyring, “ The Theory of Rate 

Processes,”  McGraw-Hill Book Co., Inc., New York, N. Y., 1941, pp. 
347-399.

(17) H. S. Taylor, Chem. Revs., 9, 1 (1931).
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of water was formed at 703 °K. from 1.11 X 10-4 
mole of 2-butanol in every second. The calculated 
residence time in the catalyst bed of an average 
reactant molecule then becomes about one second. 
Thus for every second, 3.73 X 1019 molecules of 2- 
butanol are dehydrated by 3.61 X 10n sites, and 
accordingly one in 100 sites is actually in use at 
any instant. Because of the excess of available 
active sites, the complexed molecules do not inter

fere appreciably with the approach of entering 
molecules.
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When heated isothermally above 570°, pure KCIO4 undergoes first a partial decomposition in the solid state, then the 
resulting solid mixture melts while continuing to lose oxygen and solidifies again when the KClOa intermediately formed has 
disappeared, and the KC1 content approaches about 60 mole % ; the still remaining KCIO4 continues to decompose until 
pure KC1 remains. The detailed kinetics of the decomposition is complicated because of consecutive, simultaneous and 
reverse chemical reactions: ( 1) KC104 —» KCIO3 —» KC1; (2) simultaneously with the simple decomposition, there are the 
reactions between KC104 and KC1; between KC104 and KC103; (3) 4KC10s — 3KC104 +  KC1. The initiation of the de
composition is considered to be a monomolecular process at germs distributed throughout the volume of the substance, 
and then propagated by a branching chain of oxygen atoms migrating through the crystal lattice or through the melts.

1. G en era l D escrip tion  o f P h en om en a  O b 
ta in ed  on  H eatin g  K C 1 0 4.— For the fusion point 
of KCIQ4 several different values are quoted: 525- 
530°,6 58811'12 and 610 ±  10°.4 On the other hand, 
partial decomposition on heating, giving KC1 and 
KCIO3, has been known for more than a century.14'15 
In view of the practical importance of the thermal 
decomposition of KCIO4 as a source of oxygen in 
solid rocket propellent formulations, it seemed of 
interest to have a clearer picture of the phenomena 
in question. The vacuum decomposition appara
tus in which the data reported below were obtained, 
has been described in a previous paper.7

The essential fact emerging from this study is 
that KCIO4 has no congruent fusion point. The 
substance remaining after the resolidification of 
the fused mass is not KC104. When heating IvC104 
at a constant and sufficiently high temperature, 
and waiting for a sufficient time, it undergoes first 
a partial decomposition in the solid state2'3'7'20;

(1) Benrath and Braun, Z. anorg. Chem., 244, 348 (1940).
(2) Bircumshaw and Phillips, J. Chem. Soc., 703 (1953).
(3) Cabané and Bénard, C.R.Ac.Sc., 250, 128, 331 (1960).
(4) Carnelley and Carleton-Williams, J. Chem. Soc., 37, 125 (1880).
(5) Duerre, Dissertation, Giessen, 1907.
(6) Frankland and Dingwall, J. Chem. Soc., 51, 2747 (1887).
(7) Glasner and Simchen, Bull. soc. chim. France, 18, 233 (1951).
(8) “ Gmelins Handbuch der anorganischen Chemie,”  8th edn., 

“ Chlor,”  and fol., Verlag Chemie, 1927, p. 395.
(9) Harvey, Edmison, Jones, Seybert and Catto, J. Am. Chem. Soc., 

76, 3270 (1954).
(10) Hodgman, “ Handbook of Chemistry and Physics,”  41st edn., 

Chemical Rubber Publishing Co., Cleveland, Ohio, 1959, p. 627.
(11) Markowitz, J. Phys. Chem., 61, 505 (1957).
(12) Markowitz, ibid., 62, 827 (1958).
(13) Marignac, Bibl. Univ., 45, 353 (1843).
(14) Millon, Ann. phys., [3] 7, 334 (1843).
(15) Millon, Lieb. Ann., 46, 281 (1843).
(16) Otto and Fry, J. Am. Chem. Soc., 45, 1138 (1923).
(17) Rodgers and Wassink, Univ. of Arkansas, Final Summary Re

port, 1 Sept. 54-31 Jan. 58, Contract No. DA-23-072-ORD-1049.
(18) J. C. Schumacher, “ Perchlorates,”  Am. Chem. Soc. Monograph, 

Reinhold Publ. Corp., New York, N. Y., I960, pp. 37-38.

the solid sals mixture thus obtained undergoes 
further chemical reactions accompanied by the 
complete fusion of the sample. The fused mass, 
too, decomposes, its chemical composition con
tinues to change and in the long run a re-solidifica
tion of the mass sets in at a (more or less) constant 
temperature (the exothermal effects of the chemical 
reactions11 and of crystallization being balanced by 
the temperature-regulating mechanism of the ap
paratus and by the heat transfer to the surround
ings).

The chemical reactions preceding3'20 and ac
companying fusion are dependent on time and 
temperature, and so is the heating up of the 
sample and of the glass support. This leads to a 
time-temperature dependency of the fusion which 
is given in Table I.

T a b l e  I

T im e s  o f  B e g in n in g  F u s io n  a t  D if f e r e n t  T e m p e r a 
t u r e s , o f  1 0 0 -M g . Sa m p l e s  o f  P u r if ie d  A n a l y t ic a l  

KC104 ( I n c l u d in g  H e a t -u p  T im e s )
Temp., Time, Mole % KC1 in residue after isothermal

°C. min. re-solidification
570 120 23.3 mole %  in 1 residue; 2.2 mole %  in 

a 2nd sample that had not melted
580 33
590 24 5 2 .5 ;5 2 .9 ;5 3 .8
600 20
610 16 56.7
620 15 57.1

The re-solidified, partially decomposed residue 
still contains appreciable quantities of KC104, but 
almost no KCIO3 if one waits until the evolution of 
gaseous 0 2 has died down. The composition of the 
residue is net exactly reproducible, perhaps due to 
a different extent of the decomposition in samples

(19) Scobai, Z. physik. Chem., 44, 328 (1903).
(20) Simchen and Glasner, Bull. soc. chim. France, 20, 127 (1953).
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T a b l e  II
C o m p o s it io n  o f  I s o t h e r m a l l y  R e - s o l id if ie d  R e s id u e s , i n  M o l e  %  KC1

D e s c r ip t io n  o f  th e  K C IO * 5 40 550

1 Commercial 1 (traces of Cu) 33.3 43.3

2 Commercial II (traces of Pb) 31.0
3 J. T. Baker Analyzed (traces of Fe) 4.4

4 Rec.rystallized from Baker Analyzed 
(No. 3)

KCIO,
e

KC104 KC1
Fig. 1.— Evolution of the chemical composition of de

composing KCIO4. The reaction path is: a-d-e-b; e-
point of re-solidification. The KClOrContent of the re
solidified mass is given by e-g, the KCl-content by e-f 
(schematic).

differently distributed in the glass spoon, differ
ences in the distribution of the grain size of the 
sample before fusion, or other causes. The com
position of the residue and the temperature of in
cipient fusion are strongly influenced by the degree 
of impurity of the sample, and the quality of the 
impurities present. The results are given in Table
II.

A tendency to a higher KC1 content in the resi
dues of fusion at higher temperatures is clearly 
visible, with a limit of about 60 mole %  of KC1 ; this 
may represent the solubility of KC1 in the fused 
mass. If the heating is interrupted after various 
times without regard for oxygen evolution and the 
cooled mass submitted to chemical analysis, a 
continuous change of chemical composition may 
be noticed, as exemplified in Table III (see below). 
The KCIO3 that first appears in the mass together 
with KC1 (the first mention of KC103 in the 
thermal decomposition products of KCIO4 go back 
to 1843 (!)),14'16 disappears later leaving a mixture 
of KC1 and KCIO4. The remaining KC104 de
composes entirely and pure IvCl is obtained. 
The lower temperature limit for carefully purified 
KCIO4 undergoing fusion accompanied by decom
position has been found to be about 570°. This 
temperature coincides with the eutectic tempera
ture of the KCI-KCIO4 mixture reported by Ben- 
rath and Braun1 and by Harvey and co-workers9

560 570 5 80 5 90 6 10 6 1 0 6 2 0 °

52.7 57.7 60.0 60.5 60.5
52.8 60.0 61.0 62.1

50.0 55.0 58.9
2.2 41.0 52.3 50.2 53.9 56.7

43.0 50.8
2 . 2 52.5 56.7 57.1

23.3 52.9
53.8

who disregarded the instability of the mixture. 
In the ternary system KCIO4-KCIO3-KCI, the 
fusion point of KC1 at 771°2 is the only one to be 
considered as accurate; the other fusion points are 
to be treated with reserve, and the same may be 
said about the above mentioned eutectic tempera
ture of KCIO4-KCI. If we neglect in a first ap
proximation the thermal effect accompanying the 
fusion or the decomposition in the above system, 
then all changes of the chemical composition can 
be regarded as the displacement of a representative 
point inside the triangular diagram having the three 
components KCIO4, KC103 and KC1 at its summits. 
For the decomposition of KCIO4, the representative 
point will leave the KC104 corner of the diagram 
and will follow a path directed toward the KC1 
corner, but approaching somewhat the KCIO3 cor
ner on its way (Fig. 1).

T a b l e  III
C h e m ic a l  C o m p o s it io n  o f  R e s id u e s  o f  100-Mg. Sa m p l e s  
o f  K C IO 4 ( R e c r y s t a l l iz e d  f r o m  A n a l y t ic a l  KCIO.)

H e a t e d  I so ti-ie r m a l l y  f o r  D if f e r e n t  T im e s

A. Heating at atm. pressure: A .l 580 ±  1°
T im e , m in . 15 30 50 70 100 150
M o le  % K C 1 1.39 12.85 33.60 47.0 65.3 96.9
M o le  %  K C I O j 0.60 4.71 3.40 1.20 0.80 0.00
M o le  %  K C I O j 98.0 82.44 63.0 51.4 33.9 3 .1

A.2 600 ±  10

T im e , m in . 15 30 45 60
M o le  %  K C 1 2.63 11.2 91.97 99.4
M o le  %  K C I O j 2 ,6 8 4.74 0.98 0.43
M o le  %  K C I O j 94,69 84.06 7.03 0.17

B. Heating at 600 ±  1° in a maintained vacuum. Initial
pressure:: 1 /z, and always less than 0.2 mm.

T im e , m in . 10 18 25 35 45 60
M o le  %  K C 1 5.45 13.82 37.06 62.00 74.32 80.12
M o le  %  K C lO a 2 .8 8 4.95 3.28 1.40 1.00 0.43
M o le  %  K C I O 4 91.67 81.23 59.66 36.60 24.50 19.45

At the point where this curve of the reaction 
path meets the solidus of the system, the fused 
mass will begin to solidify. The part which is still 
liquid will continue to lose oxygen at a charac
teristic rate 15; the part already solidified decom
poses at a different and much slower rate y2.9,20 
Finally the mass solidifies entirely and loses the 
remaining oxygen at a rate of the order of magni
tude of Vo only, until pure KC1 remains. The time 
of re-solidification of the fused mass depends, like 
the time of beginning fusion, upon several factors 
such as the quantity of material undergoing de
composition, and the heat transfer between the re
acting mass and the furnace. The difference in 
the decomposition rates in the solid state and in 
the fused state can be understood easily if the dif
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ferent modes of the transport of oxygen in both 
cases are considered. In a crystal the oxygen must 
make its way through the interstices and/or de
fects of the crystal lattice, or perhaps through the 
inter-mosaic fissure; even the “ frozen” lattice, 
ignoring the thermal vibrations, affords the space 
necessary for the interstitial movement of oxygen 
which may also move by jumps from anion to 
anion.7 In the liquid on the other hand, there is, 
in addition to the above, diffusion of oxygen, and 
the movement of gas bubbles ascending through 
the liquid and giving a more efficient mode of mass 
transport.

2. The Decomposition Reactions.—The de
composition reactions of KCIO4 at high temperature 
have been investigated several times since 1816.21 
The principal difficulty arises from the strong reac
tivity of KCIO4 at high temperature and from its 
sensitivity to impurities.20 Qualitatively, the ac
tion of copper, iron or cobalt salts in catalyzing the 
thermal decomposition of KC104 has been known 
for a long time.11

It may be that heavy metal perchlorates form 
and decompose subsequently into oxides oscillating 
between higher and lower states of oxidation.

Even in analytical grade KC104 heavy metal 
traces are present and can be identified easily. 
At the high temperatures investigated, there is a 
clear difference between analytical KC104, and the 
same product after 2-3 recrystallizations (compare 
Table II, the results at 570°). The presence of 
KCIO3 in partially decomposed KC104 has been 
reported a number of times since its first discovery 
by Millon in 1843,6’9-14’1519’22-23’24 and contested 
by others.13’18 A systematic investigation of 
KCIO3 and of KC1, as a function of heating time, in 
the resolidified residues of 100-mg. samples of care
fully purified IvC104, in vacuo (less than 200 y) and 
at atmospheric pressure, gave the results repre
sented in Table III.

The continuous loss of oxygen seems to proceed 
by successive steps: KCIO4 KC103 —► KC1. 
The kinetics of the system are not simple ; besides 
the consecutive decomposition reactions mentioned 
above, there are simultaneous reactions: the reac
tion between KC1 and KCIO4,7'20 and perhaps 
others, and besides the decomposition reactions 
leading to compounds poorer in oxygen, there is 
the well-known inverse reaction: 4KC103 = 3KC1- 
0 4 +  KC1. The fused mass decomposes with loss 
of oxygen, simultaneously becoming richer in IvCl. 
After re-solidification of the mass the velocity of 
the gas evolution diminishes to a low value and re
mains low as long as the temperature is not raised. 
The higher diffusion velocity in the liquid mass is 
again replaced by the slower travelling through 
the crystal lattice, and the bulk movement of the 
oxygen bubbles rising through the melt to its sur
face and collecting the dissolved oxygen in their 
path, ceases altogether.

3. The Kinetics of the Decomposition.— Previ
ous work reported elsewhere7’20 has led us to 
consider the thermal decomposition of KC104 as

(21) Stadion, Gilbert's Ann., 52, 213 (1816).
(22) Teed, Proc. Chem. Soc., 2, 141 (1886).
(23) Teed, Chem. News, 53, 56 (1886).
(24) Teed, J. Chem. Soc., 51, 282 (1887).

composed of two different basic processes. One of 
them is relatively slow and corresponds t o  the 
initiation of the decomposition, while the other 
process, up to .500 times more rapid, represents 
the propagation of the decomposition by a branched 
chain mechanism.7 The latter is the result of the 
differences between the velocity of oxygen trans
port from a ClCfi-group (x =  1 to 4), with one oxy
gen atom possessing the necessary energy of activa
tion, to a neighboring CICVgroup (y =  C to 3) 
on the one hand, and the velocity of activating 
the CICh-group once the favorable conditions are 
obtained, i.e., if a CIO,,-ion poorer in oxygen is 
created spatially adjacent to a CICb-ion which is 
richer in oxygen.

If the activation velocity is smaller than the 
transport velocity, a vacant place on a C10„- 
group may remain open for a time in which an 
oxygen on more than one adjacent OlCb-group is 
activated, and branching may result. Such a 
reasoning implies the possible existence of at least 
two distinct modes of oxygen transport through 
the crystal lattice: (1) the diffusion of oxygen be
tween the ions of the crystal lattice and/or the de
fects of the lattice, through the cracks, fissures, etc., 
of the macrocrystals; (2) the movement, by jumps, 
of oxygen from the CICh-ions to neighboring ClCfi- 
ions (x greater than y), with a time of arrest at the 
different stations; (3) possibly a combination of 
(1) and (2) above, part of the movement being 
between the lattice constituents, and part by jumps 
from anion to anion. Now if the spacing of the 
ions in the KC104 is sufficiently loose to permit the 
transport of oxygen, it is even looser in the molten 
mass, and the “ interstitial” movement of oxygen 
is possible for both. It seems to-day unnecessary 
to postulate as we did previously,7 a chain initia
tion from germs on the exterior crystal surface. 
Such a hypothesis led to a term proportional to 
the 2/ 3 power of mass in the expression for the 
velocity of gas formation, which should rather be 
replaced by a term proportional to the mass present 
if the initiation of decomposition at lattice defects 
is accepted; these defects are distributed through 
the bulk of the crystals.

In the molten mass the initiation throughout 
the volume can be observed visually. If the initia
tion of the decomposition takes place in the bulk 
rather than on the surface of the crystals, then the 
grain size and its distribution should be irrelevant 
to the thermal decomposition (unless the strains 
accompanying comminution lead to some pref
erential distribution of lattice defects or disloca
tions; our samples were 80 to 100 mesh BSS). 
Thus, instead of

A y/ A t = j y ( a  -  y )  +  j i ( a  -  y)"/> (4 )
for initiation on the surface of the crystals, we have 

A y/ A t = j y ( c  -  y )  +  j , ( a  -  y ) (2)
for initiation in the mass of the crystals (a = 
maximum quantity of oxygen gas obtainable from 
the sample up to the solidification of the melt; y = 
oxygen pressure at time t; ,fi and j  =  velocity con
stants for the initiation of the reaction and for the 
branched chain reaction, respectively). The value 
of a depends on the conditions in each experiment
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and on its fusion and re-solidification phase. An 
approximation may be found for a by graphically 
integrating the experimental curves of gas evolu
tion velocity vs. time, from the beginning of the 
experiment to the (extrapolated) virtual cessation 
of gas evolution at solidification. The further 
calculations are derived from the integration of the 
equation

Ax/àt =  kx( 1 — x) +  fa(l — x ) (3)

obtained by dividing both sides of eq. 2 by a; we 
have

x =  y/a; h  =  j , ;  k =  ja

Integrating eq. 3 between 0 and t gives

kt — 1
1 +  h/k In x +  ki/k -  H fx k

(4)

(5)

4. Calculation of the Velocity Constants k and
ki of Eq. 3.—The conditions for the velocity of 
oxygen evolution becoming maximum lead to

xm =  ( l  -  h/k) / 2 (G)

In order to get the time corresponding to the 
maximum velocity of oxygen evolution, tm, eq. 6 
is substituted into eq. 5 giving
tm =  [1 /(k +  Hi] X  In (k/h) =  [&(1 +  ki/k) ] X  In

(* /* .) (7)
the maximum velocity of oxygen evolution is ob
tained by substituting eq. 6 into eq. 3

(d:r/dt)m =  k[(k +  hi)/2k}2 =  k( 1 +  h/k) 2/4  (8)
It is useful to conserve the ratio k jk  in the eq. 7

and 8 above. Rearranging eq. 8 yields
Jfc(l +  h/k) =  4(dz/di)m(l  +  h / k )-1 (9)

and the substitution of eq. 9 into eq. 5 gives finally 
4im(dx/df)m =  (1 +  h/k) In (k/h) =  L\ (10)

Thus from the experimentally found values of 
maximum reaction velocity (dx/di)m, and from 
the corresponding times tm, we may calculate the 
ratio ki/k for the different temperatures by using a 
graph or a table of the function L\ (eq. 10). Then 
we compute: (1) the branching chain velocity con
stant k; (2) the monomolecular constant /q. Ad. 
1.: eq. 7 gives after rearrangement

k =  M k / h )/ lU l  +  h/k)] =  l/(tmLu ) (11) 
and with eq. 10

k =  4(dz/di)m( l  +  h / k )-2 (12)
A graph of the function L\\ may be helpful in 

solving eq. 11
Lu  =  (1 +  h/k)~l X  In (k/h) (13)

Ad 2.: ki is found from k\/k and from k.
Values for analytical grade KC104 are contained 

in Table IV.
T able  IV

V elocity C onstants k and  h  (E q . 3) f o r  A nalytical  
IvClOa

Temp.,
°c: 560 570 580 590 600 610

102 k 4.14 5.75 5.96 10.2 13.5 15.4
4.66 8.2 9.6 13.7 16.6 20.3

HP h 7.41 6.44 9.20 21.85 59.8 102.3

PHASE EQUILIBRIA IN THE SYSTEM LiF-YF3
By R. E. T homa,laC. F. W eaver,1“ H. A. Friedman,u H. Insley,1“ L. A. H arris1*5 and H. A. Y ak el , Jr .1'5

Reactor Chemistry Division and Metallurgy Division 
Oak Ridge National Laboratory,2 Post Office Box X, Oak Ridge, Tennessee

Received September 19, 1960

The phase equilibrium diagram of the condensed system L iF-YF3 is presented. Data were obtained from thermal analysis 
of heating and cooling curves and by identifying the phases present in small samples which were quenched after equilibration 
at high temperatures. Within the system two invariant points occur, the eutectic at 19 mole %  YF3 and 695°, and the 
peritectic at 49 mole %  YFs and 819°. The single intermediate compound, LiF-YFa, is formed. It melts incongruently to 
YF3 and liquid at 819°, and is tetragonal, a» =  5.26 ±  0.03 A., and c0 =  10.94 ±  0.03 A., space group I4i/a. The compound 
LiF-YFs is colorless, uniaxial ( + ) ,  with refractive indices AT, =  1.454, V , =  1.472. No solid solutions are formed among 
the equilibrium solids in the system LiF-YFs. The melting point of YF3, 1148°, determined by other workers, was cor
roborated in the present study. A solid state transition in YF3 was shown to occur at 1052°.

Introduction
Recent investigations at the Oak Ridge National 

Laboratory of the fused salt mixtures of potential 
use in the electrolytic reduction of Y+++ to yttrium 
metal have included a review of the phase equilib
ria in the system LiF-YFj. As a part of a study 
of the complex fluoride compounds formed from 
the alkali metal fluorides and Group III metal 
fluorides, Dergunov3 reported a phase diagram of 
the system. From that investigation he con
cluded that LiF and YF3 form a simple eutectic

(1) (a) Reactor Chemistry Division, (b) Metallurgy Division
(2) Operated for the U. S. Atomic Energy Commission by the Union 

Carbide Corporation.
(3) E. P. Dergunov, Doklady Akad. Nauk S.S.S.R., 60, 1185 (1948).

system, with the eutectic at 18 mole %  Y F3 and 
at 744°. The absence of intermediate compounds 
appears anomalous inasmuch as examples of inter
mediate equilibrium compounds are known4 in 
many systems of LiF-MF, -M F 2, -M F3, and/or 
-MF4, where the cation radius of M +, M 2+, M 3 + 
or M 4+ is as low as 0.30 A. (Be2+) and as high as
1.67 A. (Cs+). Accordingly, an investigation of 
the phase equilibria in the condensed system Lil*- 
YF3 was made, using the same techniques as have 
been employed effectively in the determinations of 
fused salt phase equilibria previously described.6

(4) E. M. Levin and H. F. McMurdie, “ Phase Diagrams for Ce
ramists,”  The American Ceramic Society, Columbus, Ohio, 1959.

(5) C. J. Barton, et al., J. Am. Ceram. Soc., 41, 63 (1958).
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Experimental
Materials.— The mixtures used in these phase equilibrium 

studies were prepared from commercially available reagent 
grade lithium fluoride6 and from specially purified yttrium 
fluoride. Pure yttrium fluoride was prepared from the 
oxide7 using ammonium bifluoride as the hydrofluorinating 
agent.

Establishment of a method for preparing yttrium fluoride 
of low oxygen content has been a difficult problem for several 
years. Studies made elsewhere of the conversion of Y20 3 to 
YF3 by H F ,8 9 NH4F-HFs and F2,10 indicate that the most 
complete conversion is effected with NH4F PIF. Spedding11 
has stated that the conversion method using ammonium 
bifluoride depends on the reaction

Y 20 3 +  6 NH 4F HF ^ ± 1  2 YF 3 +  3H20  +  6 NH 4F

Evidence has been reported that an intermediate hcxa- 
fluorometallate is formed at 100-150°, and decomposes on 
heating in the temperature range 400-600°.12 Freshly 
purified samples of YF3, prepared with the ammonium bi
fluoride conversion method, contained no greater than 300 
p.p.m. oxygen, as determined with the bromine trifluoride 
method of analysis.13 Spectroscopic analysis of the yttrium 
fluoride product indicated that the only impurities present, 
within the detectable concentration range, consisted of 
0.02 Ca, 0.02 Fe and 0.02 Ni (wt. % ).

Because YF3 is hydrolyzed easily at elevated temperatures, 
it was necessary to remove traces of adsorbed water from 
the components in the low temperature range as they were 
heated initially. For this purpose, approximately 10 g. of 
ammonium bifluoride was added initially to the 50 g. salt 
mixtures. The presence of this hydrofluorinating agent 
effectively prevented hydrolysis of the fluorides during 
heating. To minimize hydrolysis at. elevated temperatures, 
the salt mixtures were heated and cooled in an inert at
mosphere.

Water adsorption on Y F3 occurs so rapidly as to require 
the use of freshly purified samples of YF3 in elevated tem
perature phase studies. Phase equilibrium data from the 
LiF-YF3 quenching experiments rvere considered to be 
definitive only if in the quenched samples no evidence of 
oxygen-containing phases could be detected with the polar
ized light microscope. X -Ray powder diffraction data do 
not indicate reliably that YF3-containing samples are free 
of oxide, because a fluoride coating on the very small Y 20 3 
particles can produce all of the X-ray diffraction maxima 
observable. The differences between the refractive indices 
of YF3 and Y 2Oj and the fact that both YF3 and Y 20 3 arc 
transparent to visible light facilitate the determination 
of the presence of YF3 coated phases with the polarized light 
microscope.

The Melting Point and Polymorphism of YF8.— An ex
trapolation of the liquidus curves of the YF3-alkali fluoride 
systems reported by Dergunov3 converges approximately 
to a YF3 melting temperature of 1400°. In conjunction 
with the present LiF-YF3 phase studies the melting point 
of YF3 was determined to be 1144 ±  3°. This value was 
determined from the cooling curves obtained on a purified 
YF3 sample through which a small current of dried argon 
gas was passed while the sample was in the liquid state. 
Cooling rates from 0.7°/m in. to 2°/m in. were employed. 
It was determined that the salt remained pure by examining 
the cooled sample with the polarizing light microscope. 
Error in this determination is introduced by supercooling,

(0) Lithium fluoride was obtained from the Maywood Chemical 
Works.

(7) Yttrium oxide was obtained from Iowa State College.
(8) M. Smutz, G. Burnet, J. Walker, R. Tischer and E. Olson, “ The 

Preparation of Low Oxygen Content Yttrium Fluoride,”  U. S. At. 
Energy Comm. ISC-1068, 1958.

(9) J. Walker and E. Olson, “ Preparation of Yttrium Fluoride Us
ing Ammonium Bifluoride,”  U.S. At. Energy Comm. IS-2, 1959.

(10) R. L. Tischer and G. Burnet, “ Preparation of Yttrium Fluoride 
Using Fluorine,”  U.S. At. Energy Comm. IS-8, 1959.

(11) F. H. Spedding, “ Semi-Annual Summary Research Report in 
Chemistry for January—June, 1957,”  Iowa State College Report ISC- 
902, 1957, p. 19.

(12) B. J. Sturm, Oak Ridge National Laboratory, to be pub
lished.

(13) G. Goldberg, A, S. Meyer, Jr., and J. C. White. Anal. Chem., 32,
314 (1960).

which routinely occurred as YF3 crystallized. This value, 
while probably low, is essentially' in agreement with ex
trapolations of the liquidus curve in the LiF-YF3 phase 
investigation, and with the values determined by Porter," 
1148 ±  3°, and by Spedding u 1152°. Confidence in the 
1144° melting temperature rather than the 1400° value was 
also established by the fact that in melting point experi
ments a weighted cylinder penetrated a pressed pellet of 
YF3 on heating to temperatures above 1160° (measured by 
optical pyrometry).

Samples of YF3 were quenched after annealing in the 
temperature interval 980-1180°. The crystals which ap
peared in these samples were cryptocrystalline at all tem
peratures above 1063 ±  13°.16 Below this temperature the 
crystals were well-formed and had the optical properties re
ported for YF317: colorless, biaxial negative, 2V =  85-90°, 
Na =  1.536, Np =  1.553, and N-y =  1.568.

Cooling curves of YF3 also showed evidence of a solid 
state transition in YF3 at 1052 ±  3°, essentially in agree
ment with Spedding’s value of 1046° for this transition.16 
A moderately large exothermic effect occurs on cooling YF3 
through this transition. The coincidence of the change of 
crystallinity in quenched samples with an exothermic effect 
in the YF3 cooling curve at 1052 ±  3° indicates that Y F 3 
undergoes a solid state inversion at this temperature and 
that optical and X-ray properties previously assigned to 
YF318 pertain to the low temperature form of YF3. The 
comparatively large heat effect associated with this transi
tion is considered to be related to the rather small heat of 
fusion19 of YF3 and the inability  ̂ to derive appreciable ther
mal effects at the liquidus in the primary phase field of the 
high temperature form of YFf.

Apparatus and Methods.—The techniques used for 
measurement of the temperatures which define the phase 
diagrams as well as the methods for identifying phases have 
been discussed previously.5 A variation of the design of the 
thermal quenching furnace was made to permit a higher 
maximum temperature of operation than was previously 
feasible.20 This apparatus was employed only in those ex
periments which required long annealing periods at tem
peratures of 850° or higher.

R esu lts  and D iscu ssion

The Crystal Structure of L iF Y F 3.—Single crystals 
of LiF-YFs were mechanically separated from a 
sample of the compound which had been annealed 
at 000° for a week in an evacuated nickel capsule. 
Examination of the product by means of the polariz
ing microscope and X-ray diffractometer sub
stantiated that this material was entirely single 
phase LiF-YFs, colorless, uniaxial positive, with 
refractive indices, AL, =  1.454, N e =  1.472.

The X-ray data obtained from the rotation and 
Weissenberg films (Cu K„, A 1.5418 A.) were in
dexed on the basis of a tetragonal unit cellowhose 
lattice parameters are c0 =  5.2G ±  0.03 A. and 
c0 = 10.94 ±  0.03 A. The density was calculated 
to be 3.77 g.,/cm.3 with four molecules of LiF-YFs 
per unit cell. The space group I4i/a was chosen 
on the basis of the systematic extinctions observed 
on the single-crystal photographs.

Comparisons of formulas, crystal symmetries, 
lattice dimensions, and ionic radii for L iF Y F 3 and 
Ca0 W 0321 show these compounds to be isostruc-

(14) B. Porter, U. S. Bureau of Mines, Reno, Nevada, personal 
communication.

(15) F. H. Spedding, ref. 11, p. 20.
(16) The uncertainty in this value indicates the temperature differ

ences between the quenched samples from which the values were ob
tained.

(17) E. Staritzky and L. B. Asprey, Anal. Chem., 29, 855 (1957).
(18) A. Zalkin and D. H. Templeton, J. Am. Chem. Soc., 75, 2453 

(1958).
(19) A. R. LTbbelohde, Quart. Revs., 4, 356 (1950).
(20) H. A. Friedman, J. Am. Ceram. Soc., 42, 284 (1959).
(21) L. Vegard, P h i l .  Mag., 1, 1151 (1926).
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Fig. 1.—The system LiF-YF3.

tural. The atoms for LiF-YF3 were placed in those 
positions deduced for CaOAVOs, namely 

(Ca) (Y ): (b) 0, 0, 1/2, 3/4 ;
(W) (Li): (a) 0, 0, 0; 0, 1/2, 1/4;

(O) (F ): (f) x, y z; x, y, z; x, 1/2 +  y, 1/4 — z; x, 1/2 -  y, 
1/4 -  z;
y, x, z; y, x, z; y, 1/2 +  x, 1/4 +  z; y, 1/2 — x,
1/2 +  g;

where x =  0.25, y =  0.15, and z =  0.075. Table 
1 shows the agreement between calculated intensi
ties and qualitative, visually observed intensities 
of the first 25 reflections from a Debye-Scherrer 
photograph (Cu K„ radiation, A 1.5418 A.) of 
LiF-YF3. The former were calculated with the 
equation

I cc |F|2 p
1 +  cos2 26 
sin2 6 uos 6

where F is the structure amplitude, and p is the 
multiplicity factor.

An attempt was made to eliminate the discrep
ancies observed in Table III by interchanging the 
metal ion positions in the structure. It is known 
that the radius ratios Ra:Rx and Rb:Rx embrace 
a wide range of values in the scheelite structure 
which allows for either lithium or yttrium atoms in 
the (a) or (b) positions. However, interchanging 
the metal ion positions can be shown to affect the 
intensities of reflections with 2k +  l =  4?i +  1 and 
21c +  l =  4n +  3 only. Since the observed in
tensities of these reflections are already in good 
agreement with calculations based on the given 
metal ion positions, these positions must be as
sumed correct and the intensity discrepancies must 
be ascribed to small variations from the given 
fluoride ion coordinates.

LiF YF3 Phase Equilibria.—The phase equilib
rium diagram of the binary system I.iF-YF:, re
ported here (Fig. 1) represents a synthesis of ther
mal analysis and thermal gradient quenching data 
(Tables II and III). Within the system, a single 
intermediate compound, LiF-YF*, is formed. No 
solid solutions have been observed between this 
compound and either of the components. L iFY F3 
melts incongruently to the low temperature ortho
rhombic form of YF3 and liquid at 815°. The peri-

T a b l e  I
■ARISON of O b s e r v e d  a n d C a l c u l a t e d I n t e n s e

For LiF-’F F ,

hkl s in 2 0 o b s d . I  o b s d . I  ca lo d .

101 0.0271 VS 9.50
1 1 2 . 0652 v s 4.36
103 .0688 s 2.38
004 .0825 M .45
2 0 0 .0888 M .32
2 0 2 . 1008 VW .08
2 1 1 .1161 s 1 .05
114 .1267 s . 5 5

105 . 1508 s 1 .38
213 . 1 5 7 4 s .84
204 .1714 s 1.30
2 2 0 .1773 s .72
2 2 2 .1081 VW 0 . 0 0

301 .2048 M .32
116 2292 s . 5 9

215 .2397 M .34
312 .2434 S 1.13
303 .2468 M .41
224 .2501 M .43
107 .2756 W .27
321 .2940 M .42
314 .3057 VW .007
008 .3203 W . 0 2

323 .3351 W . 2 2

400 .3555 M .14

tectic invariant point for this reaction occurs at 49 
mole %  YF3. The single eutectic in the system is 
at 19 mole %  YF3 and 695°. The peritectic 
composition for the YF3 inversion reaction is at 
approximately 82 mole %  YF3. No direct deter
mination of this invariant point composition was 
possible from the observation of quenched samples 
because of the difficulty of distinguishing the 
quench growths from primary phase YI'Y

T a b l e  II
T h e r m a l  E ffects  O c c u rrin g  d u r in g  t h e  C o o l in g  of

LiF-YFj M ix t u r e s
Compn. mole % Liquidus Solidus

in liquid temp., °C. temp., °C.
LiF Y ID
90 10 786 600
80 20 720 600
70 30 755 607
60 40 803 697
50 50 GO CO 825
40 60 925 829
35 65 955 830
15 85 807
0 100 1148

Other thermal 
effects, °C.

1050
1055

Dergunov3 reported that the system LiF-YF* 
contains a single eutectic, occurring at 744° and at 
approximately 18 mole %  YF3, and that no com
plex compounds of LiF’ and YF3 are formed. The 
differences in his results and those reported here 
probably are related to the fact that in the current 
investigation (1) the thermal gradient quenching 
method was used, and that (2) only oxygen-free 
YF3 was used.

According to Dergunov, complex compounds 
are formed only in the alkali fluoride-YF’3 systems,
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T a b l e  III
D a t a  O b t a i n e d  b y Q u e n c h i n g  LiF-YFs M i x t u r e s

C om p n ., 
m ole %  

YFa
Phase 

change 
tem p ., °C .

Phases foun d  
ju st abov e  

phase change

Phases found 
just below  

phase change

3 8 2 3  ±  3 a L‘ LiF +  L
3 6 9 3  ±  3 LiF +  L LiF +  LiF YF3
7 7 8 8  ±  3 L LiF +  L
7 6 9 3  ±  3 LiF +  L LiF +  LiF YFa

11 7 7 8  ±  3 L LiF +  L
11 6 9 3  ±  3 LiF +  L LiF +  LiF-YF3
1 4 .3 7 2 2  ±  4 L LiF +  L
1 4 .3 6 8 4  ±  4 L LiF +  LiF-YFa
15 7 2 9  ±  2 L LiF +  L
15 6 9 8  ±  2 LiF +  L LiF +  LiF-YF3
1 7 . f> 6 9 9  ±  3 L LiF +  L
1 7 . « 6 8 4  ±  4 LiF +  I. LiF +  LiF-Y Fs
19 7 0 0  =  2 L LiF +  LiF-Y F:l
21.1 7 1 4  ±  4 L LiF-YFa +  L
21.1 6 8 4  ±  4 L iF Y F j +  L LiF +  LiF-YFa
2 4 . 8 7 4 5  ±  4 L LiFY IL +  L
2 4 . 8 6 7 7  ±  4 LiF-YFj +  L LiF +  LiF-YFa
3 0 7 5 7  ±  5 L LiF-YFa +  L
3 0 6 9 9  ±  4 LiF-YFa +  L LiF +  LiF-YFa
4 0 8 0 5  ±  4 L LiF-YFa +  L
4 0 6 9 9  ±  4 LiF-YFa +  L LiF +  LiF-YFa
5 0 8 3 6  ±  3 L YFa +  L
5 0 8 3 0  ±  3 YF3 +  L LiF-YFa
5 0 8 1 6  ±  3 L YFa +  L
50 8 0 7  ±  3 YF3 +  L LiF-YFa
52 8 3 0  ±  5 L YFS +  L
52 8 2 1  ±  5 YFa +  L LiF-YFa +  YFa
6 6 . 7 8 0 7  ±  3 YF3 +  L LiF-YFa +  L
“ The uncertainty in temperatures shown in column 2

indicates the temperature differences between the quenched 
samples from which the values were obtained. h The 
symbol “ L ”  refers to liquid (observed as glass or quench 
growth).

KF YI 3, R b l-Y F 3 and CsF-YT3. In these three 
eases the single compound formed is of the cryolite 
type, having the generic formula 3MF-YFY In 
the system NaF-YF3 he found evidence only of 
solid solution with a pronounced minimum in the 
liquidus. Preliminary studies of the phase equilib
ria in the system NaF-YF3 at this Laboratory 
have confirmed that the single intermediate com
pound, reported by Hund22 as NaF-YF3, occurs 
within the system and that extensive solid solution 
is formed between NaF-YF3 and Y.F3.23 Studies 
of the miscibility limits of this solution are being 
investigated. Although the primary phase of the 
XaFYT3-YF3 solid solution extends to greater 
than 50 mole %  NaF in the system NaF-YF3, no 
solid solution is formed between NaF and NaF-YF3.

Although the single intermediate compound in 
each of the systems LiF-YF3 and NaF-YF3 is of 
1:1 ratio, the compounds are not isostructural. 
The occurrence of a scheelite structure for the com
pound LiF-YF3 is unique in the fluoride systems 
which have been investigated. Because the rare- 
earth trifluorides of atomic numbers 62-71 (SmF3 
through LuF3) are isostructural18 with YF3, future 
investigations of the phase equilibria of these 
fluorides with LiF will probably disclose the occur
rence within these systems of 1:1 LiF-M F3 com
pounds isostructural with LiF-YF3.
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(22) F. Hund, Z. anorg. Chem , 261, 106 (1950).
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ANION EXCHANGE AND NON-AQUEOUS STUDIES OF THE ANIONIC 
NITRATO COMPLEXES OE THE HEXAVALENT ACTINIDES1
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Spectrophotometric studies in aqueous and non-aqueous systems with miscellaneous supporting data were used to identify 
the species of the hcxavalent actinides which are absorbed by anion-exchange resins from nitrate solutions. The previ
ously unreported tetranitrato complexes, M 02(N0a)4“ , were identified in solid compounds, in nitromethane solutions, and 
in anion-exchange resins. The anion-exchange resins were found to absorb predominantly the tetranitrato ions along with a 
lesser amount of the trinitrato ions M 0 2(N0a)a_. The relative amounts of these two species in the resin phase were found 
to be dependent on resin phase properties and not detectably dependent on solution phase properties. The formation con
stant for the reaction U 02(N 0 3)3_ +  N 0 3~ U 02(N 0 3)4”  in nitromethane was found to be 4.7 ±  0.2.

Electrical transference data for plutonium(VI) 
and neptunium(VI) in aqueous solutions has shown 
that the actinide (VI) ions begin to change from 
predominantly cationic to anionic species above 10 
M  H N 03.2 Kaplan, et al. , 3 have prepared and

(1) This paper is based on work performed under Contract No. 
AT(45-1)-1350 for the U. S. Atomic Energy Commission. Presented 
before the 138th National Meeting of the American Chemical Society, 
New York, Sept. 11-16, I960.

(2) C. K. McLane, J. S. Dixon and J. C. Hindman, “ The Trans
uranium Elements,”  Division IV, Vol. 14B, Paper 4.3, McGraw-Hill 
Book Co., Inc., New York, N. Y., 1949, p. 358.

identified the uranyl trinitrato complex in ketonic 
solvents and have shown it to be quite stable 
in the absence of water. Their work shows no 
evidence for the existence of a higher nitrato com
plex of uranyl. They also conclude that formation 
of the trinitrato complex is only beginning in 16 
M  UNO:,

Anion-exchange resins have been shown to ab
sorb uranyl from aluminum nitrate4 5 and from other

(3) L. Kaplan, R. A. Hildebrandt and M. Ader, J . Inorg .  & Nuclear 
Chem., 2, 153 (1956).
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metal nitrate solutions.4 5 6 This phenomenon has 
been attributed, without proof, to the absorption 
of the U 02(N 03)3_ anion.6 It was also proposed 
that the formation of nitrate complexes of uranium- 
(VI) in various metal nitrate solutions proceeded 
in the same order as the hydration tendency of the 
metal ions and that the anion-exchange distri
butions also increased with increasing tendency of 
these cations to be hydrated.6

It has been proposed that the mechanisms of 
absorption by anion-exchange resins and extraction 
by liquid amine extractants are identical and thus 
the species involved in both processes would be 
expected to be the same.7 In the case of the tetra- 
valent actinide nitrates, this has been shown to be 
true as the species absorbed by Dowex 1 and ex
tracted by tri-n-octylamine in xylene is, in both 
cases, the M (N 03)6“  anion.8'9 When extended to 
the hexavalent actinides in nitrate systems, this 
supposition was not true. Although the uranyl 
nitrate species extracted by amine solutions was 
identified as the U 02(N03)3_ ion,8 an absorption 
spectrum of resin loaded from a nitrate solution 
containing uranyl ion was (surprisingly) unascrib- 
able to the tri-nitrato ion and suggested the pres
ence of at least one other species. The following 
described work was therefore undertaken to eluci
date the nature of the hexavalent actinide species 
absorbed by anion-exchange resins.

E xperim ental
Actinide(VI) Nitrates.— Uranyl nitrate solutions were 

prepared from Mallinckrodt uranyl nitrate hexahydrate.
The neptunium was isotopically pure Np237, which 

was purified, as neptunium(IV), by anion exchange in 
nitric acid10 and was found by «-energy analysis11 to contain
0.011 weight %  plutonium. Other impurities should 
Ire about 100 parts per million parts neptunium. Quanti
tative conversion to neptunium) VI) occurred during the 
evaporative concentration of the anion exchange product 
from -10 g. Np/1., 0.6 M  IIN 03 to 500 g. N p /1.

The plutonium was a reactor produced isotopic mixture. 
It was purified as plutonium(IV) by anion exchange in nitric 
acid12'13 and was of comparable purity to the neptunium 
solution described above. The anion exchange product 
was converted to Pu(VI) by treatment with electrolytically 
produced ozone14 at 80° until no plutonium of lower valence 
states was detectable speetrophotometrically. By combin
ing the ozone treatment with thermal evaporation very 
pure Pu(VI) stock solutions of about 800 g. Pu/1. were 
prepared. Plutonium and neptunium stock solution con
centrations were determined by controlled potential coulo- 
metric titration.15'16

(4 ) K . A .  K ra u s  a n d  F . N e lso n , Proc. Intern. Conf. Peaceful Uses 
Atomic Energy, Geneva, 1955, VII, 119 (1 9 5 6 ).

(5 ) H . E . O e k e n d e n  a n d  J . K . F o re m a n , Analyst, 82, 592  (1 9 5 7 ).
(0 ) J . K . F o re m a n , I .  I t . M c G o w a n  a n d  T . D . S m ith , J.  Chem. Soc.,

7 3 8  (1 9 5 9 ).
(7 ) U . S ch in d e w o lf ,  Z. Elektrochem., 62, 3 35  (1 9 5 8 ).
(8 ) W . E . K e d e r , J . L . R y a n  a n d  A .  S. W ils o n , J .  Inorg. & Nuclear 

Chem., in  press.
(9 ) J . L . R y a n , J. Pays. Chem., 64, 1375  (1 9 6 0 ).
(1 0 ) J . L . R y a n , A t o m ic  E n e r g y  C o m m is s io n  R e s e a r ch  a n d  D e v e lo p 

m e n t  R e p o r t ,  H W -5 9 1 9 3  R E V , (H a n fo r d  L a b o r a to r ie s ) ,  S e p t . 3 , 1959.
(1 1 ) F . P . B ra u e r  a n d  R .  E . C o n n a lly ,  A t o m ic  E n e r g y  C o m m iss io n  

R e s e a r ch  a n d  D e v e lo p m e n t  R e p o r t ,  H W -6 0 9 7 4  (H a n fo r d  L a b o ra to r ie s ) , 
J u ly  10, 1959 .

(1 2 ) J . L . R y a n  a n d  E . J. W h e e lw r ig h t , A t o m ic  E n e r g y  C o m m is s io n  
R e s e a r ch  a n d  D e v e lo p m e n t  R e p o r t ,  1 IW -5 5 8 9 3  (H a n fo r d  L a b o r a 
to r ie s ) ,  J a n . 2 , 1959.

(1 3 ) J . L . R y a n  a n d  E . J . W h e e lw r ig h t , Ind. Eng. Chem., 51, GO 
(1 9 5 8 ).

(1 4 ) G . L . P u tn a m , R .  W . M o u lt o n ,  W . W . F il lm o r e  a n d  L . II .
C la r k , J. Electrochem. Soc., 93, 211 (1 9 4 8 ).

Resins.— Anion-exchange resins were all Dowex 1 of 
various cross-linkages and in the nitrate form. Dowex 1 
is a quaternary ammonium type polystyrene-divinylben- 
zene copolymer. Two special preparations of low capacity 
one per cent, crosslinked Dowex 1 were obtained from 
Dow Chemical Company. These had capacities of 0.39 
and 1.2 meq./g. (dry chloride form) versus 4.4 m eq./g . 
for standard resin.

Tetraethylammonium Nitrate.— Tetraethylammonium ni
trate was prepared from Eastman tetraethylammonium 
bromide by anion exchange.9 It was dried at 60° and 25 
mm. pressure.

Preparation of Actinide(VI) Trinitrato Salts.— Com
pounds of the general formula (C2H5)4N M 0 2(N 0 3)3, anal
ogous to the well known cesium and rubidium salts, were 
prepared by precipitation of the metal with tetraethylam
monium nitrate from concentrated nitric acid solutions. 
Because of the high solubility of these salts in concentrated 
nitric acid, concentrated solutions of all reagents were used 
in their preparation. The uranyl salt was prepared by dis
solving stoichiometric ratios of uranyl nitrate hexahydrate 
and tetraethylammonium nitrate in 15 M  HNO3 at 90° 
and allowing this to cool to 25°. The long needle-like 
crystals were washed with sufficient 15.7 M  HNO3 to dis
ol ve about two-thirds of the product. The compound 

was either dried over NaOII followed by Mg(C104)2 or 
by heating with a heat lamp until the fumes of nitric acid 
disappeared. The compound was much less soluble in 
metal nitrates than in nitric acid and was easily precipi
tated from calcium, aluminum, or lithium nitrate solution 
but obviously could not be prepared free of the metal 
nitrate by this method. Chemical analysis confirmed the 
composition. Uranium was determined both gravimet.ri- 
cally as UsOs and volumetrically by zinc reduction and ceric 
titration. The results were identical. Carbon and hy
drogen were determined by Schwarzkopf Micro-Analytical 
Lab., Woodside, NewYork. Meltingpoint was about 100°.

Anal. Calcd. for (GJLVNUO^NOsh: U, 40.6; C, 16.39; 
H, 3.42. Found: U, 40.6; C.16.43; H .3.47.

The compound (C2H6)4NNp0 2(N 03)3 was prepared by 
adding a five mole %  excess of (C2H3)4NN03 dissolved 
in a minimum of concentrated nitric acid to a hot 
800 g. Np/1. solution 8 M  in nitric acid. Cooling to 
10° resulted in a supersaturated solution from which pre
cipitation of long needles was brought about by drawing 
air across the surface of the solution. Because of the 
lower availability of neptunium, washing of the preparation 
was minimized and the resulting purity probably was 
somewhat lower than in the case of uranium. The com
pound was analyzed by determining neptunium by con
trolled potential coulometric titration in 1 M  HNO3.16 
The melting point was about 100°.

Anal. Calcd. for (C2H5)4NNp0 2(NC>3)3: Np, 40.5.
Found: Np, 40.1.

The compound (C2IT6)4NPu0 2(N 03)3 was prepared, 
in the same manner as the neptunium compound, from a 
plutonium stock solution which had been freshly oxidized 
with ozone. The solution of the plutonium compound also 
supersaturated badly and was seeded with a microcrystal 
of the uranium compound. This compound also precipi
tated as long needles and melted near 100°. The compound 
was analyzed for plutonium by controlled potential coulo
metric titration in 1 M  HC1 solution.15

Anal. Calcd. for (C2H5)4NPu0 2(N0 3)3: Pu, 40.7. Found: 
Pu, 39.2.

Both the neptunium and plutonium salts were unstable, 
perhaps because of «-radiation induced reduction. For 
this reason the salts, particularly the Pu salt, had to be 
used without delay. (After standing several months both 
the Pu and Np salts were only partially soluble in nitro- 
methane. The soluble plutonium species was determined 
speetrophotometrically to be only Pu(IV), whereas the 
soluble neptunium species was completely N p(VI).)

Preparation of Actinide(VI) Tetranitrato Salts.— The 
compound [(C2H5)4N]2U0 2(N 03)4 has been reported by

(15) F. A. Scott and R. M. Peekema, Proc. Second Intern. Conf. 
Peaceful Uses Atomic Energy, Geneva, 28, 573 (1958).

(10) R. W. Stromatt, Atomic Energy Commission Research and De
velopment Report, HW-59447 (Hanford Laboratories), Feb. 2, 1959.
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Dieke and Duncan’-7 but its composition was not established 
by analysis. Attempts to prepare it by the method de
scribed (slow crystallization at 10° from concentrated H N 03) 
resulted in large tabular crystals as described by Dieke 
and Duncan. When these crystals were dried by blotting 
and ground in petrolatum, their absorption spectrum was 
found to be identical with the spectrum of the long (up to 4 
cm.) needles of the trinitrato salt obtained at higher tem
perature. Many preparations were attempted using various 
uranium, tetraethylammonium and nitric acid concentra
tions, and crystallization temperatures from —10° to 
80°. In every case the crystals obtained had identical 
visible absorption spectra, when mulled in petrolatum, with 
that of the trinitrato salt described in this work and with the 
spectrum of the Lrinitrato ion in ketonic solvents reported 
by Kaplan, et al.3 It seems highly probable, therefore, that 
the compound reported by Dieke and Duncan was in actu
ality (C jH6)4NU0..(N03)3.

The compound KjUOjfNOj)« has been reported.17 Several 
attempts to prepare this salt by the reported method and 
variations thereo:' were carried out, but spectrophotometric 
examination of each preparation indicated the presence of 
the U 02(N 0 3)3-  ion. It is possible that the exact condi
tions of preparation reported were not achieved. The 
compound (NH4)2U 02(N 0 3)4 has been reported as a “ meta
stable form.” 18 Attempts to prepare it by the method 
described resulted only in crystallization of ammonium 
nitrate.

The compound [(02Hs)4N12U 02(N 0 3)4 was prepared by 
fusion of equimolar quantities of (C2H5)4N U 02(N 0 3)3 and 
(C2H5)4N N 03 under an infrared heat lamp. That the 
product was a new compound rather than a mixture was 
deduced from the following observations: (1) the yellow 
color was more intense than that of the trinitrato salt; 
(2) it fluoresced brilliant yellow whereas the potassium, 
rubidium, cesium, ammonium and tetraethylammonium 
trinitrato salts all fluoresced light green; (3) the visible 
absorption spectrum was entirely different than that of 
(C2H6)4N U 02(N 0 3)3 as seen in Fig. 2; (4) fusions of mix
tures containing less than one mole (C2H6)4N N 03 per mole 
(C2H5)4N U 02(N 0 3)3 yielded products whose spectra were 
intermediate between that for a 1:1 fusion and that for the 
pure trinitrato salt, whereas fusion mixtures containing 
greater than 1:1 ratio gave the same spectra as a 1:1 ma
terial although the 1:1 ratio could not be much exceeded 
because of the low solubility of (C2H5)4NNG3 in the fusion 
mixture; (5) the infrared spectrum of the exactly 1:1 
fusion shows only coordinated nitrate with no evidence of 
ionic nitrate as obtained with (C2H5)4N N 0319; (6) the N 0 2 
and NO stretching frequencies are markedly different from 
those for (C2IIs)4NU02(N 0 3)319; and (7) the X-ray dif
fraction pattern is distinctly different than that of ( 0 2H5)4- 
NU02(N03)s and has no line in common with (C>H6)4- 
N U 02(N 0 3)3.

Both the trinitrato and tetranitrato salts can also be 
prepared by fusion of (CiHshNNOs with U 02(N 0 3)26H20  
followed by sufficient heating to drive off the water.

Resin Capacity Measurements.— Dowex 1, X -l (50 to 
100 mesh) fcapacity 3.94 meq./g. dry nitrate form) was 
used in uranium capacity determinations. The resin was 
dried at 60° and 25 mm. pressure and weighed in the ni
trate form. The resin was equilibrated with the aluminum 
nitrate solutions containing uranyl nitrate with continuous 
shaking for two to three weeks at 25°. This is considered 
sufficient time in spite of the poor kinetics of anion exchange 
in metal nitrate systems in general1213-20 and of the uranyl 
nitrate system specifically.21 The resin was removed from 
the solution by vacuum filtration on sintered glass and was 
eluted with 0.1 M  H N 03. The uranium eluted was de
termined lnr controlled potential coulometric titration.

(17) G. H. Dieke and A. B. F. Duncan, “ Spectroscopic Properties 
of Uranium Compounds.”  McGraw-Hill Book Co., Inc., New York, 
1949, pp. 139-140 and 149-154.

(18) G. T. Seaborg and J. J. Katz, “ The Actinide Elements,”  
McGraw-Hill Book Co., Inc., New York, N. Y., 1954, pp. 830-831.

(19) L. L. Burger, Hanford Laboratories, private communication.
(20) K. A. Kraus and F. Nelson in symposium on Ion Exchange 

and Chromatography in Analytical Chemistry (1956), Am. Soc. for 
Testing Materials. Special Technical Publication No. 195, 1958, p. 51.

(21) I. R. Higgins, “ The Recovery of Uranium from Calcium Nitrate 
by Continuous Ion Exchange,”  Report No. CSC-6003, Chemical
Separations Corp., Oak Ridge, Tenn., Sept., 1960.

Uranium in the solution phases was determined by con
trolled potential coulometric titration or by difference.

Spectrophotometric Measurements.— Spectrophotometric 
measurements were made with a Cary Model 14 recording 
spectrophotometer. Solution spectra were obtained using 
matched 1.00 cm. silica cells.

Acetone used in spectrophotometric studies was c.p. 
grade and was redistilled. Nitromethane was Eastman 
spectro grade. Solvents were dried by shaking with either 
CaO or Drierite (anhydrous CaS04) although this step 
appeared to be unnecessary. Solutions containing mixtures 
of (C2H6)4N U02(N 0 3)3 and (C2H5)4NN03 were prepared from 
stock solutions of each in nhromethane. The stock solu
tions were prepared from the pure compounds and were not 
otherwise standardized. Plutonium and neptunium in 
organic solvents were determined by alpha counting.

Absorption spectra of resins were obtained using 1.00 
or 0.50 cm. silica cells and either the visible or infrared 
source of the Cary Model 14. Attempts to use 0.1 cm. 
cells with resins having high loading were unsuccessful 
because of light leakage between the resin beads. Excess 
liquid was drawn off the resin with a fine tipped pipet to 
ensure that the resin, which floated on some of the solutions 
used, was closely packed. The blank was resin treated 
identically except for the presence of the actinide of interest.

Absorption spectra of solids were obtained from samples 
prepared by mulling the finely ground compound in petro
latum and using a blank of CaC03 in petrolatum or, in the 
case of low melting compounds, from solid films prepared by 
melting the salt between fused silica plates. By the latter 
technique spectra could be obtained over the ultraviolet as 
well as the visible and infrared ranges of the instrument. 
Quantitative spectra of the low melting solids were obtained 
in this way with the silica plates separated by spacers of 
uniform thickness. The molar extinction coefficient, c, 
can be obtained without knowing the sample thickness. If a 
weighed amoun: of the compound is used and the area that it 
occupies between the plates is measured the molar extinction 
coefficient can be calculated from the relation

A  = l o g / o / 7  =  te l  =  e ?■— ̂  (cm.) =

The only requirements are that the sample thickness be uni
form and continuous. This was checked by measuring the 
absorption spectra at severa points on the sample and as a 
function of thickness which was varied by as much as a factor 
of four. The greatest spread between experimentally de
termined molar extinction ccefficients was 3% .

The absorption spectra of Pu(VI) solutions in the range 
400-1400 m/r, were obtained at approximately one molar 
nitrate increments in nitric acid and in various metal nitrate 
solutions. These solutions all contained identical plutonium 
concentrations and constant 0.15 M  H N 03 in the case of 
the metal nitrates. They were all made up and the spectra 
measured within 32 hours after termination of ozone oxida
tion of the plutonium stock solutions to minimize the effect 
of «-reduction of Pu(VI) which occurs at the rate of about 
0.6%  per day. Nitrate was determined by controlled poten
tial coulometric titration.22

R esu lts  and D iscu ssion s
R es in  S tu d ies.— Figure 1 shows the absorption 

spectrum of uranyl loaded on standard capacity 
Dowex 1, X -l (50 to 100 mesh) from 2.0 M  Al- 
(N 03)3. This spectrum does not show the intense 
fine structure peaks present in the spectrum of 
the trinitratouranyl ion as published by Kaplan, 
et al. 3 (The spectrum of the trinitratouranyl ion 
is shown in Fig. 2.) The absorption spectrum of 
uranyl on the resin was found to be essentially 
identical when the resin was loaded from aluminum, 
lithium or calcium nitrate. The resin spectrum

(22) L. R. Duncan, Hanford Laboratories, unpublished analytical
method.
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Fig. 1.— Absorption spectra of TJ(VI) loaded on high and 
low capacity Dowex i, X - l  from 2.0 M AUNOsV Resin 
capacities based on dry chloride form: (1) 4.4 meq./g.; 
(2) 1.2 meq./g.

Wave length, mg.
Fig. 2.— Absorption spectra of solid complex F (V I) 

nitrate salts compared to that of the aqueous uranyl ion:
[(C2H6)4N]2U 02(N 0 3)4; ------ , (C2H5 )4N U 02( N 0 3) 3;

.......... , uranyl nitrate in 0.514 M  HNOs.

also was found to remain the same over the entire 
range of nitrate concentration from which suf
ficient resin loading could be achieved to obtain a 
resin spectrum. It was also independent of resin 
cross linkage. It was concluded that either the 
species absorbed by the resin was not predomi
nantly the trinitrato complex or that the spectrum 
was vastly perturbed as compared to the spectrum

obtained in ketonic solvents. The former explana
tion is much more probable in view of previous 
work which demonstrated that complex anions 
absorbed on anion resins have absorption spectra 
almost identical to the spectra of the same com
plexes in a variety of inert non-aqueous solvents 
including ketones.9 Since the resin spectrum has 
shoulders or very small peaks at the positions of the 
four most intense of the vibrational fine structure 
peaks of the trinitratouranyl ion, the concept 
that the resin spectrum might represent a highly 
distorted trinitratouranyl spectrum could not 
be completely dismissed without further evidence. 
In order to further test the point, absorption spectra 
of uranyl under a variety of conditions were ob
tained to see whether conditions existed which could 
perturb the absorption spectrum of the trinitrato 
uranyl ion to the extent needed to explain the resin 
spectrum.

The absorption spectrum of a solid film of (C2- 
H5)4NU02(N03)3 was obtained (Fig. 2) and was 
found to be identical to that of the trinitrato
uranyl ion reported by Kaplan, et al., except for 
a uniform decrease of about 30% in molar extinc
tion coefficient at all wave lengths and a very 
slight wave length shift (2-3 mg) which was 
constant on an energy basis. The absorption 
spectrum of a mull of this salt was identical to 
that of the solid film. Solutions of this compound 
in acetone or nitromethane gave spectra exactly 
identical to that reported bv Kaplan, et al. The 
salts CsU02(N0.,)3, RbU 02(N 03)3, K U 02(N 03)3 
and NH4UOo(N0 3)3 (as mulls) gave spectra in 
which the wave length shift, referred to the non- 
aqueous solution spectra, was slightly greater than 
that for the tetraetbylammonium salt and the in
tense vibrational peaks were broadened slightly. 
The order of this distortion in the solid compounds 
was (CoHs^N <  Cs <  Rb <  K = NH4. That this 
distortion in spectrum (which is much less than 
required to explain the resin spectrum) is due only 
to lattice perturbations is clear from the fact that 
the spectra of nitromethane solutions of all of 
these salts were indistinguishable. Since the 
perturbation of the spectrum by the completely 
oriented crystal lattice was less than that required 
to produce the resin spectrum and since it seems 
highly improbable that the randomly oriented 
resin phase would perturb the spectrum as much as 
the completely oriented crystal lattice, it was con
cluded that the resin spectrum does not arise from 
distortion of the trinitrato ion spectrum by the resin. 
The absorption spectra of resins loaded with 
plutonium(VI) and neptunium(VI) from alumi
num nitrate were compared with the spectra of 
(C2Hb)4NPu0 2(N 03)3 and (C2H6)4N N p02(N 03)3 in 
nitromethane. In all cases the resin spectra rvere 
markedly different, from the trinitrato ion spectra 
and showed a marked diminution in the fine struc
ture associated with the M -0  vibrational modes.

To show that difference in water coordination or 
hydration of the trinitrato ion was not causing the 
difference in spectra, resin was loaded from non- 
aqueous media. The resin absorbs uranyl strongly 
from acetone or nitromethane solutions of U 02- 
(N 03)2-6H20  or of U 02(N 03)2-2H20  and from
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nitromethane solutions of (C2H5) 4N U02 (N 0 3) 3. 
Resins loaded from these solutions all had es
sentially the same spectra as resins loaded from 
aqueous metal nitrates. Resin loaded from ace
tone and dried either by vacuum at 60° or by a heat 
lamp and suspended in CCb to minimize light re
flection from the bead surfaces gave the same ab
sorption spectrum. The fact that the spectra of 
resins loaded from both aqueous and non-aqueous 
media were identical eliminates hydration as the 
factor responsible for the resin spectrum. From 
the above arguments, it is inferred that the resin 
spectrum does not arise from the spectrum of the 
tri-nitrato ion. The alternate hypothesis which 
suggests itself is that the spectrum is the result of 
a second species being absorbed.

Uranyl is very strongly absorbed from acetone 
solution of U02(N03)2-2H20  by anion exchange 
resins and very high loadings can be obtained 
if finely divided resins of low cross linkage are 
used. Spectrophotometric study of resin loaded 
in this manner, although difficult because of the 
high absorbances involved, showed that the shoul
ders present at the same wave lengths as the intense 
trinitrato peaks had become considerably intensi
fied and were now distinct peaks. Since high 
resin loading would be expected to favor anionic 
complexes of lower negative charge, it was tenta
tively concluded that the resin loaded some of the 
trinitrato complex along with predominantly a 
higher nitrate complex.

It has been shown that if anionic complexes of 
different charge are absorbed by a resin, decreased 
resin capacity will favor the complexes of lower 
charge.23 Thus if the trinitrato ion and a higher 
nitrato complex are both absorbed by the resin, 
a lower capacity resin should contain a greater 
proportion of the trinitrato complex. Figure 1 
shows the spectrum of uranium on Dowex 1, X -l 
of 1.2 meq./'g. and compares it to the spectrum of 
uranium on the standard resin of 4.4 meq./g. 
Capacities are in terms of grams of dry chloride 
form resin. Resin of lower capacity (0.39 meq./g.) 
did not absorb enough uranium(VI) from alumi
num nitrate to furnish a spectrum of the resin 
free of the spectrum of the equilibrium aqueous 
phase uranium. It is seen from Fig. 1 that the 
spectrum of the loaded lower capacity resin shows 
enhanced fine structure as would be expected if 
it contained more of the trinitrato ion.

As mentioned, high resin loading should also 
favor anionic complexes of lower negative charge 
and high uranium loading from aluminum nitrate 
solutions should enhance the trinitrato peaks in the 
resin spectrum. Dowex 1, X -l (standard capacity 
resin) loaded to about 500 mg. U/g. resin (weight 
based on dry nitrate form resin) was examined 
spectrophotometrically. With 5 mm. cells the 
absorbances were too high to measure. With 1 
mm. cells the absorbance at the maximum near 
440 my was about 1.8, and leakage of light between 
resin beads badly distorted the spectrum in the 
high absorbance region. Because of the very poor 
kinetics of the uranyl absorption from aluminum

(23) J. Aveston, D. A. Everest and R. A. Wells, J. Chem. Soc., 231 
( 1958).
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nitrate, it is possible, with resins of high crosslink- 
age, to load the outer surface of the bead without 
achieving high over-all resin loading. Dowex 
1, X-10 (about 100 mesh) was loaded for two 
minutes at 90° from 50 g./l. uranium (VI) in 2 
M  A1(N03)3 washed with cold 2 M  A1(X03)3, 
and mixed with two parts of unloaded resin to one 
part of loaded resin. The resin spectrum obtained 
immediately in a 5 mm. cell was very similar to 
that of the low capacity Dowex 1, X -l shown in 
Fig. 1. -The resin (still in the cell) was then held 
at 100° for 45 minutes to cause redistribution of 
the uranium throughout the resin. By this tech
nique the total uranium in the light, beam was held 
constant, but the actual concentration of uranium 
in the resin was varied. The spectrum of the 
resin treated in this way was very similar to that 
of the high capacity Dowex 1, X -l shown in Fig. 1, 
having only shoulders at about 453 and 468 my 
instead of sharp peaks. But perhaps of greater 
importance, was the fact that the molar extinction 
coefficient at 435-440 my had increased by 25%. 
Since the total uranium in the cell had remained 
constant the only logical cause for this change in 
extinction coefficient was a change in the ratio 
of species absorbed in the resin. A further in
ference was that the ether species in the resin 
must have a higher molar extinction coefficient at 
435-440 my than does the trinitrato complex. 
The molar extinction coefficients of uranium(VI) in 
aqueous nitrate solutions (H N 03 and A1(N03)3) 
are all lower than that of the trinitrato ion at 435 
my leading to the conclusion that the other species 
in the resins is one that is not present to a large 
extent in aqueous solutions.

Capacity measurements as a function of equi
librium aqueous phase concentration give some 
insight into the charge of the complex in the resin 
phase. The stoichiometry is relatively straight
forward if only one species is absorbed and is ab
sorbed strongly. If more than one species ab
sorbs, the situation becomes more complex since 
the species of smaller negative charge are favored 
by the resin as loading increases. If, however, 
the more negative complex is absorbed considerably 
more strongly than the complex or complexes of 
smaller negative charge, an inflection point in the 
plot of resin phase versus aqueous phase concen
trations may occur near the resin capacity for 
this complex. Figure 3 shows such a plot for 
uranium(VI) in 2.0 M  A1(N03).3- The presence of 
a distinct inflection point near a ratio of 0.5 mole 
of uranium per equivalent of resin strongly implies 
that the most strongly absorbed uranium complex 
has a —2 charge (presumably UO>(N03).T). 
The fact that the resin capacity exceeds the theo
retical capacity for this ion may be due to resin 
invasion. However, the fact that it occurs at 
relatively low aqueous uranium concentration 
tends to indicate, although by no means con
clusively proves, that a —1 charged anion (UO:r 
(N 03) - ) also absorbs to some extent.

Figure 2 shows the visible absorption spectrum 
of [(CSHS)4N fiUCMNChA obtained from a solid 
film. The absorption spectrum of the hydrated 
uranyl ion also is shown in Fig. 2 for comparison.
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Aq. U(VI) ooncn., g./l.
Fig. 3.— Absorption of U(VI) from 2.0 M  A1(N03)3 by 

Dowex 1, X -l .

Wave length, m/r.
Fig. 4.— Absorption spectra of nitromcthane solutions 

containing 0.0177 M (C ìH3)4NUOs(NOj)j plus tetraethyl- 
ammonium nitrate: (1) adjusted spectrum of solid [(CJRh- 
N ],U 02(N 0 3)4 and (2) 1.58 M, (3) 0.48'j M , (4) 0.194 M  (5) 
0.0972 M , and (6) 0.000 M  (C2H5).,NN03.

The molar extinction coefficient of the tetranitrato 
salt is much higher than that of the trinitrato salt 
or aqueous uranyl nitrate solutions. This is in 
accord with what is required of the higher complex 
on the resin as previously discussed. The spectrum 
of this compound was obtained (at 25°) over the 
range 200-550 rnp, and it is noteworthy that the 
spectrum showed none of the fine structure com
monly attributed to uranium-oxygen vibrations. 
In contrast, the spectrum of solid (C2H6)4NU02- 
(N 03)3 contained many intense vibrational peaks 
throughout the same range. (In the trinitrato 
salt it appears that there are at least three over
lapping series of vibrational peaks which are uni
formly separated, on an energy basis, within a 
given series.) The complete absence of vibrational 
structure in the spectrum of the tetranitrato salt 
should be of interest in regard to the nature of the 
bonds involved. It is possible that vibrational 
structure might appear at lower temperature.

It appears from Fig. 2 that the resin spectra 
could result easily from a combination of the tri
nitrato spectrum and the tetranitrato spectrum. 
A preparation of [(C2H6)4N]2Pu02(N03)4 was made, 
and the absorption spectrum of a solid film of it,

though poor in quality, was found to bear con
siderable likeness to the spectrum of plutonyl 
absorbed on resin from aluminum nitrate. The 
spectrum of this compound was found to lack the 
fine structure present in the spectrum of the plu
tonyl trinitrato complex. Actual mixtures of the 
trinitrato and tetranitrato uranyl salts gave spectra 
very similar to but not exactly like the resin spectra. 
The reason for the lack of identity was believed 
due to shifts in wave length and intensity as ob
served in the case of the solid trinitrato complex 
when compared to its solution. Experience with 
other complex salts including some of the actinide 
chlorides24 indicates that the magnitudes and even 
the directions of these shifts between solid and solu
tion spectra are not necessarily the same for dif
ferent complex anions. Thus it is apparent that 
the resin spectra cannot be reconstructed exactly 
from solid state spectra. However, since experience 
has shown that the spectra of complexes in the 
resin phase can be expected to be very similar to 
those obtained from non-aqueous solutions,9 it 
became very desirable to obtain the spectrum of the 
tetranitrato complex in solution.

N on -a q u eou s  S tu d ies.— Kaplan, et al, have 
stated that addition of excess nitrate to solutions 
containing the trinitratouranyl ion in ketonic sol
vents produced essentially no change in spectrum.3 
In accord with these findings, it was found that the 
tetranitrato salt in acetone dissociates to give only 
the trinitrato ion. Addition of excess tetraethyl- 
ammonium nitrate produced little if any change. 
The dielectric constant of acetone is only 20, and it 
can be expected that the solubility and degree of 
ionization of tetraethylammonium nitrate might 
be higher in a solvent such as nitromcthane which 
has a dielectric constant of 38. When relatively 
large amounts of tetraethylammonium nitrate 
were added to nitromcthane solutions of (C2H6)4- 
N U02(N 03)3 the spectrum changed markedly. 
The absorption spectra of a series of solutions made 
up with constant concentration of (C2Hg)4NU02- 
(N 03)3 and varying concentration of (C2H6)4N N 03 
were obtained. Some of these spectra are shown 
in Fig. 4. Isosbestic points at 465.5 and 470.0 
myu and a near isosbestic point at 452.0 mu indi
cate that only two uranium species are present in 
these solutions, that is, only one complex is being 
formed from the trinitrato ion. It was found 
that the solutions obeyed the Beer-Lambert law 
over a fivefold range of uranium concentration.

Calculation of the relative amounts of the 
trinitrato complex and the higher complex in these 
nitromethane solutions is complicated by the fact 
that the absorption spectra continue to change up 
to the point of saturation of nitromethane with 
(C2H5)4N N 03 (about 1.7 M), and thus the molar 
extinction coefficients for the higher complex can
not be determined directly. Certain assumptions 
are thus necessary with regard to the absorption 
spectrum of the pure higher complex. These are 
that the spectrum of the higher complex is identical 
to that of solid (C2H5)4N2LT02(N03)4 shown in Fig. 
2 with two exceptions: (1) the entire spectrum of 
the solution is shifted uniformly on an energy basis

(24) J. L. Ryan, unpublished results.
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relative to that of the solid; and (2) the molar 
extinction coefficients of the solid ana the nitro- 
methane solutions at all wave lengths are related 
by a constant factor. These assumptions are well 
founded since these are exactly the changes ob
served in the spectrum of the trinitrato ion in 
solid (C2H5)4NU02(N 03)3 when it is dissolved in 
acetone or nitromethane solution. The molar 
extinction coefficients of the higher complex in 
nitromethane are known at the two isosbestic 
points and can be very closely approximated at the 
near isosbestic point. Because of the steepness of 
the solid tetranitrato salt spectrum in this wave 
length range, only one combination of intensity 
change and wave length change on the solid will 
produce the same molar extinction coefficients at 
all three of these points as measured in solution. 
The best fit was obtained with molar extinction 
coefficients of the solid decreased to 80.5% and the 
wave number increased by 270 em u 1 (wave length 
decrease of 6.0 m/x at 474 mji). The visible absorp
tion spectrum of [ (C2HB)4N ]2U 02 (N 03)4 modified 
in this way is shown in Fig. 4 with the spectra of the 
pure trinitrato complex and of mixtures of the 
trinitrato complex and higher complex in nitro
methane.

The amounts of the trinitrato and higher complex 
in nitromethane were calculated at 460.0 m/x using 
the measured molar extinction coefficient of (C2- 
H6)4NU02(N 03)3 in nitromethane and the value 
for the higher complex calculated in the manner 
just described. Although essentially the same 
results are obtained at any wave length where the 
trinitrato and higher complex have different molar 
extinction coefficients, 460 m/x was chosen because 
it is near the isosbestic points and should give 
greatest accuracy. At 460 m,u it was found that 
the assumptions as to amount of wave length and 
intensity shift were not critical compared to other 
wave lengths. For the reaction

u o 2(n o 3)3-  +  « N O r  u o 2(n o 3)3+„ - (" +1)

a plot of log [U02(N 03)3+n-(re+ «]/[U 0 2(N 03)3% 
versus log [N 03~] where brackets indicate concen
trations will have a slope, n, if activity coefficients 
are near unity or cancel. If a very small correc
tion, assuming n =  1, is made to the initial nitrate 
concentrations to account for that used in forming 
the complex, this plot gives a perfectly straight 
line of slope 1.04. This is additional evidence that 
the higher complex is indeed U 02(N 03)4=. The 
amount of each of the complexes and the formation 
constant

_  [U02(N 03)4-]
[U02(N 03)3- ] [N 0 3-I

at each nitrate concentration examined are shown 
in Table I.

Figure 5 compares the absorption spectrum of 
uranium loaded on standard capacity Dowex 1, 
X -l from 2.5 M  A1(N03)3 with the absorption spec
trum of a nitromethane solution containing 80% 
U 02(N 03)4“ and 20% U 02(N 03)3-. The very close 
similarity of these two spectra confirm that the 
principal uranium species in the resin phase is U 02- 
(N 03)4“ . Similar nitromethane solutions of (C2- 
H6)4NNp02(N 03)3 and (C2H6)4NPu02(N 03)3 con

Wave length, m/x.
Fig. 5.— Comparison of the spectrum of U(VI) nitrate on 

anion-exchange resin with that of a nitromethane solution 
containing a mixture of the trinitrato and tetranitrato 
uranyl complexes: (1) U(VI) loaded on Dowex 1, X -l 
from 2.5 M  A1(N03)3; (2,' mixture of 80% U02(N 03)7
and 20% U 02(N 0 3% in nitromethane. —

*
V.

a
s=

f  c*

&

Wave .ength, m/x.
Fig. 6.— Comparison of the spectrum of U(VI) in concen

trated nitric acid with the spectra of the anionic nitrate 
complexes of U(VI): (1) U 02(N 0 3)4“  from solid [(C2H5)4- 
N ]2U 02(N 0 3), and adjusted to nitromethane solution;
(2) U 02(N 0 3)3_ from (C2Ht)4N U 02(N 0 3)3 in nitromethane;
(3) U(VI) in 20.3 M  H N 03.

T a b l e  I
Formation of T etranitrato uranyl Complex in N itro

methane
Total uranium constant at 0.0177 M

Initial
molarity

(C z H iR N N O i

Ab
sorbance 
at 400.0

m fi %
U O -(N O .,)3 -

%
UÖ2-

( N O ,) , - K
0.000 0.091 100 0.0

.0972 .162 71.2 28.8 4.40

.194 .206 53.4 46.6 4.70

.278 .230 43.5 56.5 4.85

.480 .259 31.8 68.2 4.51

.764 .287 20.4 79.6 5.20
1 .00 .294 17.5 82.5 4.79
1.58 .308 11.9 88.1 4.71

Av. 4.74 ±  0.17

taining excess nitrate as (C2H6)4N N 03 were found 
to have absorption spectra very similar to the ab-
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Nitrate molarity.
Fig. 7.— The absorbance of Pu( VI) at 1)48 m/j. as a function 

of nitrate concentration for several aqueous nitrate sait 
solutions: (1) Cai'NOj)s; (2) NaNOa; (3) NHjNOs; (4) 
LiNü3; (5) A1(NOs)3; (6) HNOa.

(»¡NOiT*).
Fig. 8.— The absorbances of Fig. 7 plotted as a function 

of (ro_7* ) :  (1) Ca(N 03)2; (2) NaNO,; (3) NH4N 0 3;
(4) LiNO,; (5) A1(N(),),; (6) HNO,.

sorption spectra of Np(VI) and Pu(VI) in the resin. 
These spectra like that of U 02(X03)4= show very 
little, if any, of the fine structure commonly at
tributed to the symmetrical metal-oxygon vibra
tions of the MChfH) entity.

Aqueous Studies.—Kaplan, ct ah,3 have con
cluded that in 16 M  H N 03 the predominant 
complex is UC^XOaMHaO)! with some UO2- 
(N 03)3-  It is of interest to examine the spectrum 
of U(VI) in still more highly concentrated nitric 
acid to sec if the tetranitrato complex is detectable 
in aqueous solutions. Solutions as high as 20.3 
i\I HXO3 were examined. Ozone was used to re
move the yellow color of the fuming nitric acid. 
Figure 6 compares the absorption spectrum of 
U(VI) in 20.3 M  H X 0 3 with that of the pure 
trinitrate and pure tetranitrato complexes in 
nitromethane. The relatively low molar extinc
tion coefficients at 440 and 480 m,u and complete 
absence of absorption above 493 m/i indicate that 
very little if any tetranitratouranyl is present in 
this solution. Figure 6 indicates that less than 
50% conversion of the uranium to trinitrate com
plex has occurred at 20.3 M  H N 03. Since both 
Pu(VI) and Xp(VI) and presumably also U(VI) 
become predominantly anionic a little above 10 
M HXOr il must be concluded in agreement with 
Kaplan, el al., that the other principal species in

concentrated nitric acid solutions is the uncharged 
complex.

Foreman, et al.,6 have concluded that the order 
of resin affinity of U(VI) and order of degree of 
nitrate complexing hi various metal nitrate solu
tions is A l+3 >  Ca+2 >  Li+ >  X H 4+ and that this is 
also the order of hydration of these ions. However, 
their order is based on molar concentrations of the 
cation rather than on nitrate concentration con
tributed by the metal nitrate. Their interpretation 
is further complicated by the use of nitric acid 
(which suppresses the ion-exchange absorption and 
renders quantitative interpretation impossible) 
to keep the nitrate concentration constant at six 
molar. If their distribution coefficients for solu
tions containing constant nitrate concentrations 
and no added acid (or extrapolated to such con
ditions) are compared, it is found that Li+ and A l+:i 
are very close together followed by Ca+2 which is 
much poorer in promoting anion exchange and then 
bv NH4+ which may be only slightly poorer than 
Ca+2.

The absorption spectra of Pu(VI) in several 
aqueous metal nitrate solutions (at constant 0.1 M  
H X 0 3 to prevent hydrolysis) and in nitric acid were 
obtained in about 1 M  increments. The height 
of the 948 irm absorption peak which decreases 
markedly with nitrate complexing, is shown in Fig.
7. The spectral changes from 400-1400 nm were 
found to be the same for all the nitrates over the 
range shown in Fig. 7 indicating that the same 
reactions are involved in each case. Over this 
range of nitrate concentration no appreciable 
amount of anionic complexes forms. From Fig. 
7 it is apparent that the order of nitrate complex
ing isH+ >  A1+3 > Li+ > >  X H 4+ >  Na+ >  Ca++. 
The position of Ca++ indicates that the hydration of 
the metal cation is by no means the most important 
factor.

Figure 8 shows the absorbance of the 948 niyu 
Pu(VI) peak, the decrease of which is taken as a 
measure of nitrate complexing, as a function of 
(wno»-'Y± ) for several nitrates.25 Aqueous phase 
mean ionic activity coefficients often have been 
used in place of the indeterminable single ion activ
ity coefficients and water activity has been neglected 
in determining formation constants of complexes 
in concentrated electrolyte solutions from anion- 
exchange data.26-28 If this method of determining 
formation constants were correct, all the curves 
of Fig. 8 would be superimposed with the possible 
exception of nitric acid, in which case formation 
of the free acid of complex anions might have an 
effect. Figure 8 points out one of the errors which 
can occur in the use of anion-exchange data for 
determination of formation constants in concen
trated electrolyte solutions.

(25) Activity data were taken from these sources: (a) NaNOs and 
LiNOa: R. A. Robinson and R. H. Stokes, Trans. Faraday Soc., 45, 
612 (1949); (b) CaiNCER: R. H. Stokes and R. A. Robinson, J. Am. 
Chem. Soc., 70, 1870 (1948); (c) NIRNOs: B. V. Wishaw and R. H. 
Stokes, Trans. Faraday Soc., 59, 27 (1953); (d) IINO3 and Al(NOj)*: 
Data reported in Landolt-Bornstein, “ Physikalisch-Chemische Tabel- 
len,”  Julius Springer, Berlin, 1930, Erg. I lie, pp. 2141 and 2145.

(26) Y. Marcus, J. Fhys. Chem., 63, 1000 (1959).
(27) Y. Marcus, ./. Inorg. Nuclear Chem., 12, 287 (1960).
(28) J. Danon, ibid., 13. 64 (1960), (see also reference 9).
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Conclusions
This work has shown that anion-exchange resins 

absorb predominantly the ions MOj(NOj)4“  along 
with some M 0 2(N 03)3“  from aqueous metal nitrate 
solutions of the hexavalent actinides. It also has 
shown that the tetranitrato species is a species 
which does not exist to any appreciable extent in 
aqueous metal nitrate or nitric acid solutions 
whereas the trinitrato complex is detected readily 
in concentrated nitric acid. The relative amounts 
of these two complexes in the resin phase were 
found to be, within experimental error, independent 
of the aqueous phase nitrate concentration but were 
dependent on properties of the resin phase (degree 
of resin loading and total resin capacity). Liquid 
amines have been found to extract only the tri
nitrato ions of the hexavalent actinides8 despite 
efforts to extract measurable quantities of the 
tetranitrato complex by varying both amine con
centration in hydrocarbon diluent and aqueous 
phase metal nitrate and nitric acid concentrations.29 
This work indicates the fallacy of assuming with
out direct evidence, as has been done with erroneous

(29) W. E. Keder, Hanford Laboratories private communication.

conclusions,6'28 what complex is present in the 
resin phase. There is also some danger in as
suming that the same species are extracted by 
liquid amines as are absorbed by anion-exchange 
resins. However, in most cases the liquid amines 
probably do extract the same species as those 
absorbed by the resins. This is certainly the case 
with the quadrivalent actinide nitrates where the 
ions M (N 03)6s= are extracted by both the liquid 
amines and the anion-exchange resins.8 9

The recent use of (mK0,-T ±) to represent ligand 
anion activity in the calculation of formation con
stants at high electrolyte concentrations from anion- 
exchange data26-28 has been rendered highly ques
tionable by the Pu(VI) absorption spectra data 
presented here. Extension of similar spectro- 
photometric studies of the actinides to chloride 
media is planned.

Acknowledgment.—The author expresses his ap
preciation to Robert M. Wheaton of the Dow 
Chemical Company for his help in obtaining the 
low capacity anion-exchange resins. The author 
also thanks the personnel of the Analytical Labora
tories Operation who carried out many of the 
analyses.

THE MEASUREMENT OF FILM ELASTICITY1
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The elasticity modulus of soap films as defined by Gibbs has been measured for the first time. The method used involves 
simultaneous determination of the change in the surface tension acting upon a film under observation and of the motion of 
the interference fringes which this produces. The force acting upon the film is determined as part, of the total force acting 
upon a vertical frame supporting this film in contact with the solution. The changes in surface tension are produced by 
rapidly withdrawing another film-forming frame from the solution, thus increasing greatly the total surface. The motion 
of the fringes is recorded photographically and is then translated into the motion of the surface elements on the assumption 
that the volume of liquid within the film remains constant. Details and limitations of this procedure are discussed. For a 
number of mobile films the modulus of elasticity is of the order of 10 dynes/cm., while for a rigid film of sodium lauryl 
sulfate-lauryl alcohol solution it is of the order of 100 dynes/cm. This provides evidence for another factor in the well- 
known stabilizing effect of lauryl alcohol upon sodium lauryl sulfate foams.

It is well known that only certain liquids are 
capable of forming foams, bubbles or films of 
reasonable stability, soap solutions being the 
classical example of this behavior. It seems to be 
well accepted2 that when such liquids are reduced 
to thin layers, they develop an increasing resistance 
to further extension and further thinning. In 
other materials, particularly in pure liquids or in 
gases, there is, on the contrary, an increasing tend
ency to further thinning due to van der Waals 
forces.3 There is probably a variety of causes for 
the increasing resistance to thinning shown by film 
formers. Among these may be cited bulk visco
elastic effects, which may be operative in some 
polymer solutions; increasing viscosity due to

(1) Presented in part at the Atlantic City Meeting of the American 
Chemical Society, September, 1959. This work was supported by the 
Air Force Office of Scientific Research and Development under Con
tract AF 49(638)-309.

(2) J. A. Kitchener and C. F. Cooper, Quart. Revs. (London), 13, 71 
(1959).

(3) (a) A. J. De Vries, Rec. trav. chim., 77, 383 (1958); (b) J. Th. G. 
Overbeek, ./. Phys. Chem,, 64, 1178 (1960).

cooling or evaporation, which accounts for the ease 
of bubble formation by molten glass4; the increase 
in surface tension due to evaporative cooling which 
permits sometimes film formation in pure liquids6; 
the repulsion of the two surfaces of the film due to 
hydration or entropy effects of adsorbed non-ionic 
surfactants, and especially due to the double layer 
repulsion of adsorbed ionic surfactants, both of 
which become operative when the film is thin 
enough to appear black, i.e., is below about 500 A.3. 
A very important reason for the resistance to 
thinning and one which can operate in films thick 
enough to show interference colors, in Newtonian 
liquids and in the absence of cooling or evaporation 
is surface elasticity.

Surface elasticity is the increase in surface ten-
(4) C. V. Beys, "Soap Bubbles, Their Colours and the Forces which 

Mould Them,’ ’ (Second Edit on only) Soc. for Promoting Christian 
Knowledge, London, F. S. Graham, New York, 1912. Reprinted 
Dover, New York, 1959, pp. 116-117.

(5) G. Van der Mensbrugghe, Mem. Acad. Roy. Sri. Belg., 43 (4), 
(1882); T. H. Hazlehurst and H. A. Neville, J. Phys. Chem., 41, 1205 
(1937).
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a) b) c)

Fig. 1.— Glass frames used in this study.

Fig. 2.— Schematic front view of the apparatus for measur
ing film elasticity. The relative position of frames (b) and 
(c) is shown on the right.

sion of a film when its area is being extended and, 
therefore, its thickness decreased. Since the film 
has two surfaces, this leads to Gibbs'6 definition 
of the modulus of film elasticity, E, as

E  =  2sdy/ds (1)
where s is the surface area and y is the surface 
tension. A few years before Gibbs, Marangoni7 
pointed out in effect that the difference between 
dynamic and static surface tension provides one 
reason for surface elasticity. This could be quite 
effective against sudden disturbances of the film, 
but in view of the thinness of the film, its relaxation 
time should be a very small fraction of a second 
and its effects rather transient. The reason for a 
smaller but less transient surface elasticity was 
shown by Gibbs to lie in the depletion of surfactant 
in the intralamellar solution as it is adsorbed upon 
the more extended surface. The equilibrium sur
face concentration thus becomes lower and the sur-

(6) J. W. Gibbs, “ On the Equilibrium of Heterogeneous Sub
stances,’ ’ Trans. Connecticut Acad., 3, 108, 343 (1876); “ Collected 
Works,’ ’ Longmans Green, New York, 1928, 1931, Vol, 1, p. 56.

(7) C. Marangoni, Nuovo Cimenlo, [2] 5- 6, 239 (1872).

face tension higher. Gibbs also has shown how 
film elasticity can be calculated in terms of the 
chemical potential of the surfactant for a pure, two 
component system. His result is

E  =  4 r 2 (cWd(?) (2)

where T is the surface density of the solute, y. its 
chemical potential, and G its total amount present 
in the film per unit area.

Although the concept of film elasticity is thus 
quite old and the important role it plays in film 
stability is well established, little is known about 
its numerical value. Its theoretical evaluation is 
difficult because of the uncertainties concerning 
the chemical potential of surfactants, especially 
above the critical micelle concentration, and be
cause of the difficulty of realizing a pure, two com
ponent system with these materials. Experi
mentally, no attempt seems to have been made to 
measure it directly. The present paper describes 
an experimental approach to measuring film elas
ticity and presents exploratory results which estab
lish its reality.

Our method is based on qualitative observations 
reported elsewhere8 and consists in simultaneously 
recording the motion of fringes of a film and the 
force exerted upon this film. Since fringes are 
lines of equal thickness and not fixed with respect 
to the surface of the film, one has to translate their 
motion into the motion of the surface itself as de
scribed below. The force exerted on the film is 
due to changes in surface tension of the solution in 
contact with it, and this in turn is changed by the 
mechanized motion of a large rectangular frame 
pulling a film in and out of the solution and thus 
effectively changing the total surface of the system 
by a considerable fraction.

E xperim ental
The apparatus is a modification of the one described else

where.9 It consists essentially of a square bottle 5 X 5  cm. 
containing the solution and of three frames dipping in the 
solution and supported from above. The bottle is closed by 
a heavy brass plate and a foam plastic gasket with con
nections to the three frames passing through small holes in 
the plate. One of the frames (a, Fig. 1) bears the film 
under observation and is supported by a dynamometer 
measuring the forces acting upon the film. Another frame 
(b) serves to extend the surface and is operated by a mech
anized rack and pinion device mounted above the brass 
plate. The third frame (c) merely serves to compensate for 
the buoyancy effect produced by the motion of the second 
frame and it is moved synchronously but in opposite direc
tion by the same rack and pinion device. Figures 2 and 3 
show schematically the arrangement used.

The observation frame (a) was made of very thin glass 
rod about 1 mm. in diameter and was generally 2 cm. wide, 
although frames 1 and 2.25 cm. wide were also used. The 
rod supporting this frame was suspended from the arm of a 
dynamometer. This suspension was such that the frame 
could oscillate freely but could not rotate and was fixed at a 
45° angle with respect to the incoming light and the direc 
tion of observation. The total weight of the frame and sus
pension was 0.40 g.

The dynamometer was a St.atham Instruments, Los 
Angeles, Calif., transducer model G 10-0.07-2000, which 
is essentially a lever whose rigidity is due to four sets of wires 
connected in a bridge network. The changes of resistance 
of these wires as they contract or expand with the motion of

(8) K. J. Mysels, K. Shinoda and S. Frankel, “ Soap Films, Studies 
of Their Thinning and a Bibliography,”  Pergamon Press, New York, 
N. Y., 1959, p. 16.

(9) K. J. Mysels and M. C. Cox, J. Colloid Sei., in press.
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the lever provide the electric signal. The bridge network 
is activated by approximately 20 volts d.c. and the strength 
of the signal is 14 mv. per gram. An external network 
provides means for zeroing this signal at any desired weight 
within the range of the instrument, which is ± 2  g . The 
difference signal was amplified and when desired observed 
directly on a Hewlett-Packard Model 425A micro-volt- 
ammeter, whose noise level is of the order of 0.2 nv . The 
output of this instrument was generally recorded on a Leeds 
and Northrup 10 mv. recorder. This arrangement per
mitted observation of changes of the order of 0.1 dyne acting 
on the frame which corresponded to about 0.02 dyne/cm. 
changes in surface tension with a response time of the order 
of one second. At this sensitivity considerable drift was 
observed, however, unless the dynamometer was thermally 
insulated. The dynamometer was calibrated frequently 
by means of directly suspended weights.

The displacement of the dynamometer arm was about 0.2 
n per dyne which is completely negligible.

In early experiments the frame was manually immersed 
in the solution and then lifted and suspended on the dy
namometer; in later experiments the dynamometer bearing 
the frame was mounted on a dovetail slide manually oper
ated by a rack and pinion. This permitted immersion of 
the frame and rapid formation of the film without removing 
the frame from the dynamometer.

The dynamometer was, of course, sensitive not only to 
the surface tension forces exerted upon the film, but also 
to those exerted on the frame. In addition, even slight 
changes in level of the liquid exerted considerable buoyant 
forces upon the frame. After proper adjustment of the com
pensating frame (c), these effects did not amount to more 
than 10% of the total force and were taken into account by 
blank runs in which the observation frame (a) did not bear 
a film.

The expansion and compensating frames (b) and (c) 
were made of the same 1 mm. glass rod to reduce buoyancy 
effects and were arranged so that the upper horizontal part 
of frame (b) would just touch the top of the solution and thus 
assure the formation of a film, while the corresponding part 
of frame (c) would never touch the solution and thus never 
bear a film. Both frames were connected to brass rods 
passing through Teflon bearings in the upper plate and at
tached to two racks operated by the same pinion so that one 
frame would move up while the other was moving down. 
The pinion in turn was operated by a synchronous reversible 
motor through a multiple speed transmission. A micro
switch operated by adjustable pins on one of the racks 
permitted automatic reversal of the motion of these frames 
at any desired point. The maximum speed at which the 
frames could be operated was 2.15 cm./sec. and this could 
be reduced by a factor of 2.5, 5,10, 20, etc.

The width of the film on the extending frame (b) was 2 cm. 
and a convenient height for its travel was 5.5 cm. Hence, 
this system permitted an 80% expansion of the surface of 
the solution in 2.5 seconds and an equally rapid return to 
the original value.

Recording of Fringes.— The position of the fiingés during 
expansion and contraction was recorded photographically 
by the method described elsewhere9 in which the image of a 
narrow vertical section of the soap film falls upon a contin
uously moving photographic film as shown in Fig. 3. This 
gives a continuous record of the position of each fringe of the 
soap film. The record was made either on black and white 
film with monochromatic light or on color film using white 
light for illumination. A typical record obtained during 
oscillation of the expanding frame is shown in Fig. 4.

As shown by Fig. 4 there is continuous thinning of the 
film with time as a result of normal processes such as mar
ginal regeneration. Superimposed on this is the expansion 
and contraction produced by changes in surface tension. The 
former must therefore be corrected for and this is done by 
interpolating, for example, between two crests to get the 
position that a crest would have at the time of the inter
mediate trough if there had been no expansion.

An alternative procedure was to give the extending frame 
a single stroke instead of oscillation. In this case the rate 
of thinning before the stroke was extrapolated to the time 
when the stroke ended.

In either case the positions of the fringes then permits 
construction of a profile of the film before and after expan
sion from the known thickness corresponding to each fringe. 
In fact, only relative thicknesses are now important. Fig

Fig. 3.— Schematic top view of apparatus to measure film 
elasticity.

ure 5a shows schematically such a pair of profiles. The 
motion of the fringe, which is a line of equal thickness, is not 
the same as the motion of the corresponding surface element. 
The latter can be deduced, however, on the assumption 
that the amount of liquid in the film from its top to “he point 
of interest remains constant. This amount can be obtained 
by graphical integration of the profile of Fig. 5a. This inte
gral is shown in Fig. 5b. The difference in height between 
points of equal volume gives ;hen the expansion of the film at 
that height, as shown in Fig. 5c. Finally, the slope of this 
last curve gives the desired relative extension at any point.

A simplified method of calculation which gives the same 
results for mobile films with:n the present over-all accuracy 
of the experimental procedure, is to assume that the motion 
of the film element is one-half of that of the corresponding 
fringe corresponding to its initial position. This is based 
on the approximation of the film profile to a triangle. In 
this case it is easily seen that the new position of the film 
element is the harmonic mean of the two positions of the 
corresponding fringe. For small displacements the har
monic mean may in turn be equated to the arithmetic mean. 
For rigid films this approximation is too coarse, however. 
The values reported in Table I were obtained using the 
more exact procedure of Fig. 5.

Materials.— High purity lauryl alcohol was obtained from 
Applied Science Laboratories, State College, Pa. Sodium 
lauryl sulfate was the material prepared by It. .1, Otter10 
in this Laboratory. The commercial detergent was liquid 
Lux which is based on sodium alkyl benzene sulfonates with 
loam-stabilizing and detergency-aiding additives.

Results
The results of our measurements are sum

marized in Table I. They show that for several 
systems giving mobile films, whether “ pure”  so
dium dodeeyl sulfate or a commercial detergent, the 
surface elasticity is of the order of 10 dynes/cm. 
In contrast, the rigid film of pure sodium dodeeyl 
sulfate and lauryl alcohol has a film elasticity of 
the order o: 100 dynes/cm. A solution of pure 
sodium lauryl sulfate containing a quantity of 
lauryl alcohol insufficient to give a rigid film under 
the conditions of the experiment gave nevertheless 
a significant increase in surface elasticity “o about 
26 dynes/cm.

(10) K. .T. M v s e ls  and R. J. Otter, J. Colloid Set., in press.
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Fig. 4.— Photographic record of the motion of fringes of a soap film as surface tension is alternately increased and
decreased.

T a b l e  I

F i l m  E l a s t ic it y  M e a s u r e m e n t s

Surfactant
No. of 

determn.
Stresses 

dy, dyne cm. ~x

----- Range of------

Strains 
ds/s X 102

Times of 
elongation, 

sec.

Film  elasticity, 2 dy/(ds/s) 
Median, %  Deviation 

dyne cm .-x Av. Max.

Commercial, 1% 21 0.47-0.51 8.2-16 1.96-9.71 9.8 13 29
Same“ 13 .21- .43 6.9-13 2.5 —6.4 6.4 18 52
Same,“ 37% glycerol 3 .28- .29 10-11 5.8 5.5 3 6
NaLS, 0.29% 29 .27-1.3 4.5-18 0.73-14.3 15 12 43
Same“ 2 .57-0.85 12-21 5.8 8.8 8 8
NaLS, 0 .25%  +  LOH, 10 % 23 .52-2 .8 4.7-20 .73-14.3 26 14 31
Same diluted 4 :56 13 2.2 -5 .4 5.2-11 .73-14.3 100 18 35

“ Independent measurements made 6 months earlier. 6 Rigid film (all others are mobile).

Fig. 5.—Schematic of the graphical translation of move
ment of fringes into extension of film element.

Discussion
Our assignment of the extension (strain) of the 

film depends on the assumption that no liquid en
ters the film during the process along the upper 
edge of the frame or along its sides. The validity 
of this assumption is supported by the absence of 
any marked anomalies in the extension curve (Fig. 
5c) and by visual observations as far as the quies
cent upper border is concerned. If very large 
forces are applied to the film, one can see visually 
that fresh areas are pulled out from the upper 
border. Being pulled out rapidly, these films are 
relatively thick according to Frankel’s law11 and

may descend as tear drops to their corresponding 
level in the bulk of the film unless they are promptly 
resorbed by the border. No significant behavior 
of this type was observed, however, in our normal 
determinations. As far as the turbulent side 
borders are concerned, their effect was found to be 
negligible by comparing the behavior of films of dif
ferent widths under the same conditions.

Our procedure is dependent on the change of 
surface tension which occurs when the bulk solution 
surface is extended. In principle some change 
would be expected even for a pure two component 
system due to the well known difference between 
dynamic and static surface tension and the finite 
time required to replenish an expanding surface. 
However, we find that in our case the recovery 
time was of the order of 10 seconds or so which 
makes it very likely that the surface tension 
changes were largely due to a minor component. 
It is therefore quite possible that in a pure two 
component system the method used would not give 
a sufficient change in surface tension to produce a 
measurable extension of the film. There are, how
ever, other methods which can be used12 to lower 
the surface tension of a solution without affecting

(11) Ref. 8, p. 55; and ref. 9.
(12) Ref. 8. p. 81.
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the nature of the observed film, such as dilution or 
addition of a more active surfactant. Hence, a 
proper modification of our method could still be 
used in that case. Furthermore, really pure two 
component systems of aqueous surfactants are not 
readily prepared or studied and our procedure 
should be applicable to almost all normally en
countered systems. In fact, our sodium dodecyl 
sulfate seems extremely pure as far as bulk criteria 
are concerned.

As mentioned earlier, film elasticity may be 
either a dynamic effect— the difference between 
dynamic and static surface tension— or an equilib
rium one, the depletion of the intralamellar solu
tion. It is likely, though not completely certain, 
that our method measures the latter. This con
clusion is based on three arguments. First, the 
same change in surface tension corresponded to al
most doubling of the bulk surface but to only 
.5-20% changes in film area. Hence a different 
limiting factor, presumably depletion of the intra
lamellar liquid, must have been effective in the 
film. Second, an order of magnitude calculation13 
shows that in a film dynamic effects should last 
milliseconds and thus could not be observed in our 
system unless some unsuspected energy barrier is 
encountered. Third, we could not notice any re
laxation of film elasticity either when the bulk 
surface was extended and kept in the extended 
state so that bulk surface tension was decaying 
slowly, or when the bulk surface tension was kept- 
at a constant and higher value by continually ex
tending the surface manually. Both of these 
experiments were, however, difficult to evaluate and 
no definiteness can be claimed for them. An argu
ment against this conclusion is that we have not 
found any strong dependence of film elasticity 
upon film thickness as would be expected from the 
depletion theory for a two component system. 
Flowever, the effect becomes understandable if at
tributed to a minor third component which is sub
stantially absent from the intralamellar solution 
and present only in the surface. This would 
make the behavior of the film dependent on the 
fact that it is thin but not on how thin it is.

As mentioned earlier, high bulk viscosity as en
countered in polymers and glasses, may generate a 
significant force opposing the extension of the film. 
For liquids of low viscosity, such as water, and 
even for glycerol, this effect is, however, negligible, 
as shown by the following calculation. According 
to Trouton14 the rate at which the length L of a 
cylinder of cross section C and subject to a force F 
changes with time t is given by 

d L  _ 1 F  
L dt A c

where X, the coefficient of viscous traction, is 
given by X =  3 y where r\ is the ordinary coefficient 
of bulk shear viscosity. For our purposes we can

(13) Ref. 8, p. 16.
(14) F. T. Trouton, Proc. Roy. Soc. {London), A77, 426 (1906).

replace dL/L by ds/s and F/C by y/S where S is 
the thickness of the film. Hence for a film of 1 p. 
thickness extending by 20% in one second, which 
represents rather extreme conditions, the increase 
in surface tension generated by viscous forces 
would amount to 10-6 dyne/cm. in water of 1 cp. 
viscosity and to 103 times more in pure glycerol, 
which would still be negligible in our measure
ments.

That bulk viscosity does not complicate our 
measurements in other ways either is further indi
cated by the fact that measurements in a 30% glyc
erol solution noted in Table I did not show any 
significant effect upon film elasticity.

The most significant difference in film elasticity 
is between the rigid film, 100 dyne cm.-1, and the 
mobile films which are 4 to 20 times more yielding. 
That this is not an artifact produced by some un
detected effect of surface viscosity on our deter
mination is shown by the fact that the mobile films 
themselves display a fivefold range of elasticities 
despite their relatively minor differences in surface 
rheology.

The marked increase in film elasticity upon addi
tion of lauryl alcohol to sodium lauryl sulfate 
solution indicates also the possibility of another 
factor explaining the well known increased stability 
of these mixed films15 in addition to the generally 
accepted effect of surface rigidity and the resulting 
slower rate of drainage.

In the present state of development the precision 
of the method leaves much to be desired and values 
reported for a given system are significant only to 
about ±25% . About 5% of this uncertainty is 
due to the difficulties of measuring the photo
graphic film, of graphic integration, and in general 
to the interpretation of data, once obtained. A 
somewhat larger uncertainty is attached to the 
obtaining of the data themselves, i.e., their repro
ducibility when the experiment is repeated im
mediately under the same conditions. A much 
larger uncertainty is associated, however, with the 
application of the same conditions at different 
times. Clearly, there are significant factors in the 
history and purity of the surface which we have 
not yet learned to control. This in turn has pre
vented the study of such factors as the rate of ex
tension or the extent of stretching which seem to 
have some effect upon the result. However, this 
uncertainty of some 25%, although very disturb
ing, is small compared to the 20-fold changes in 
film elasticity which we have found between the 
extremes of our systems and we are now able at 
least to assign approximate values to a quantity 
whose order of magnitude was previously unknown.

A ck n ow ledgm en t.— It is a pleasure to acknowl
edge the stimulating discussions with Professor 
,1. Th. G. Overbeek during the course of this work.

(15) E.g., A. G. Brown, W. G. Tlui.rn.an and .T. W . M cBain, J. Colloid 
Sci., 8, 491 (1953).
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GRAPHITE AND DIAMOND AT 77 AND 90°K.

B y Juan de D ios Lopez-Gonzalez,1 Frank G. Carpenter2 and V ictor R. D eitz

National Bureau of Standards, Washington, I). C.
Received October 31, 1960

Adsorption isotherms were measured in the relative pressure range from 10-9 to about 0.5. The samples were outgassed 
at 450° for 18 hours before each of a series of measurements. Upon the first exposure of the outgassed solid to the gas, a 
delay occurred in the adsorption. An initial period of low rate of adsorption was followed by a period of much higher rate 
and finally by attainment of a steady state. The isotherms at the two temperatures based on the steady-state values crossed 
in the neighborhood of unit, coverage (defined by vm from point B) for both gases and both solids. The isotherms on graphite 
showed a definite step at relative pressures between l.)-3 and 10~4. The heats and entropies of adsorption at constant 
spreading pressure were determined and graphs are presented as a function of coverage. Broad maxima in the heats were 
observed in the neighborhood of 0 = 0.1 to 0.01; the entropy showed minima at 6 =  1.0 and increased steadily as the cover
age decreased. The systems studied are considered to be examples of interaction with low energy surfaces for which the en
tropy changes are appreciable, making a significant contribution to the free energy change of the adsorption process.

In troduction
Experimental evidence for the non-uniformity of 

carbon surfaces, in regard to sites for the physical 
adsorption of gases, is twofold: (1) the variation of 
the heat of adsorption with the amount adsorbed, 
i.e., with surface coverage, and (2) the changes in 
shape of the adsorption isotherm after controlled 
heat and/or chemical treatments. There are 
many examples for the former3 based on either 
calorimetric data or calculated heats from the ad
sorption isotherms observed at different tempera
tures. The work of Polley, Schaeffer and Smith4 
is a good example of changes observed in the 
shape of nitrogen adsorption isotherms brought 
about when carbon blacks were heated at tempera
tures up to 2700°. These authors attributed the 
changes to a gradual transition from a heterogene
ous to a homogeneous surface as a result of partial 
graphitization.

Carbon blacks as prepared have a rather diffuse 
X-ray diffraction structure, but the patterns 
sharpen up and new bands appear on heating to 
3000°.5 Although the structure attains some simi
larity to the pattern of graphite, there are striking 
differences in that hkl reflections are absent. 
In interpreting this behavior as the development of 
two-dimensional graphite platelets, the question 
arises as to how fully the adsorption properties of 
the heat-treated sample of carbon black mimic those 
of a fully-developed graphite structure.

Adsorption isotherms have been determined for 
mineralogical graphite and an industrial grade of 
diamond in the range of relative pressure from 10-9 
to approximately 0.9 at 77° and to 0.4 at 90°K. 
There are no recorded adsorption data for min
eralogical graphite and, indeed, there are very few 
measurements on carbon solids in the range of very 
low pressures (fractional coverage to 0.02). Pre
vious measurements6 of nitrogen adsorption with 
high surface energy carbon adsorbents showed that

(1) Chemistry Dept., Universidad de Granada, Granada, Spain.
(2) Research Associate representing the Bone Char Research Proj

ect, Inc.
(3) V. R. Deitz, “ Bibliography of Solid Adsorbents,”  Vol. 1, 1900- 

42, 877 pp.. Vol. 2, 1943-53, 1528 pp. N.B.S. Circular 566, Govern
ment Printing Office, Washington 25, D. C.

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

(5) J. Biscoe and B. E. Wairen, J. Appl. Phys., 13, 364 (1942).
(6) J. de T). Lopez-Gonzalez, F. G. Carpenter and V. R. Deitz, 

J. Research Natl. Bur. Standards, 55, 11 (1955)5RP2600.

the time required to reach a steady state, as well as 
the level of the steady state, depended upon the out- 
gassing operation preliminary to the measurements. 
The present work is concerned with what are es
sentially low surface energy solids and in the 
present series of measurements each sample was out
gassed at 450° for about 18 hours between each 
series of measurements. The results after other 
pretreatments will be reported in subsequent com
munications.

E xperim ental
The apparatus employed in these measurements has been 

described.6 A vacuum thermocouple gage was added and a 
recording made of the pressure changes. It proved to be 
especially valuable in observations of the rates of pressure 
decrease. This gage was calibrated with a McLeod gage. 
All final steady-state values of the pressures were deter
mined with either the McLeod gage in the low-pressure 
range or with a mercury manometer at. higher pressures. 
The reaction vessel was isolated by means of a mercury cut
off. A trap cooled with either liquid oxygen or nitrogen 
was placed before the reaction vessel to exclude mercury 
vapors.

The dead space in the reaction vessel holding the diamond 
sample was 16.3 ml. and that containing the graphite was 
8.2 ml. The cold trap had a volume of 13.1 ml. and the 
room temperature dead space was 61.4 ml. for diamond and 
59.0 ml. for graphite. The buret system, connections, and 
pressure gages had a volume of 160 ml.

Materials.— The graphite was of mineral oiigin and was 
sieved to obtain a close fraction of flakes having a cross 
sectional diameter of 1 mm. The sample was acid-washed 
repeatedly with boiling hydrochloric acid and then with 
hydrofluoric acid. The treatment was continued until the 
thiocyanate spot test for iron was negative. It. was washed 
halogen-free with distilled water. Finally, the graphite was 
formed into loose cylindrical pellets (1 cm. diameter and 2 
cm. high) and heated in a vacuum induction furnace to 
about 2000° for about 30 minutes. A spectrochcmical 
analysis of the purified graphite revealed the presence of 
only traces of aluminum, copper, iron, magnesium and 
silicon in amounts less than 0.001% each. X -Ray and elec
tron scattering showed that the graphite was highly crystal
line. The sample (8.01 g.) was sealed into a Pyrex con
tainer in which the adsorption measurements were made 
and then heated for 18 hours at 450° before each series of 
measurements.

The industrial diamond powder used in this work was in 
the form of dust (2 to 6 ¡j. in particle size). The sample 
(28.05 g.) was outgassed in a Vycor adsorption tube for 
seven days at 600°. After the fourth day of outgassing, 
the pressure, with the sample at 600° and the vacuum pump 
in operation, was about 4 X 10“ 4 mm. When the sample 
was cooled to room temperature, the pressure was less than 
1 X 10-6 mm. and without pumping the pressure rose to 
about 5 X 10-6 mm. in about, one hour:7 A spectrograph! c 
analysis of the diamond powder.after the adsorption experi
ments .showed .an .appreciable amount of lead and silicon
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which was traced to the “ quartz cotton’ ’ used to confine the 
diamond. The X-ray pattern for the diamond showed the 
crystalline structure of diamond.

The nitrogen from a commercial tank was purified by 
removing the residual traces of oxygen with hot copper filings 
and the water vapor with magnesium perchlorate. The 
argon was analyzed by mass spectrometry and contained 
0.06% nitrogen and 6.02% oxygen. The oxygen in the 
argon was removed with hot copper as above leaving the 
nitrogen as the maximum impurity in the argon.

Corrections for Thermal Transpiration.— It was neces- 
sarjr to make a correction for thermomolecular flow between 
the reaction vessel (77.2 or 90.0°K.) and the McLeod gage 
at room temperature. The equation of Liang,8 with the 
modifications added by Bennett and Tompkins,9 was used. 
The equation and the constants are

n _  Pi _  Q'KeCf’i’gX)2 +  fae(/<f>gX) +  Rm . .
P2 «n d /V O 2 +  j8h 6(/$»gX) +  1

where
p . =  obsd. pressure in mm. mercury at T .
Pi =  cor. pressure at bath temp. 

aHe =  3.70 [1.70 -  2.6 X 10-3 (T 2 -  T O ] - 1 
P n . =  7.88 (1 -  R J  
Rm = CTi/TO'/f, Ti < T2, 

f  =  1, for the apparatus employed 
=  3.53 

$ a =  2.70 
X =  p id , and
d  =  tubing diameter in mm.

The equivalent diameter of the connecting tubing was 
3.32 mm. when diamond was used and 2.5 mm. for graphite.

Results and Discussion
Sixteen series of adsorption measurements were 

made with the diamond and eighteen with graphite. 
The recorded curves for the pressure decrease that 
followed the first introduction of gas to the freshly 
outgassed sample showed a marked delay in the 
rate of adsorption. This was not found for high 
surface energy carbon adsorbents6 where the pres
sure decreased rapidly at first, and then more 
slowly until the steady state was obtained. How
ever, in the present work there was a significant 
delay during which time the pressure decreased 
very little. This was followed by a period of rapid 
pressure decrease and then by a gradual decrease 
until a steady state was reached. The adsorbed 
volumes were calculated and the fractions of the 
steady-state value are plotted in Fig. 1 for typical 
cases. It is significant that no delay in adsorption 
(curve A, argon on diamond) occurred with the 
second and further addition of gas. Curve B with 
delay of about 1 hour was observed for argon on 
graphite at 77° and a steady-state pressure of 
0.077 fi. Curve C was observed for nitrogen on 
diamond at 90 °K. and the steady-state pressure of 
27 p. was not attained for about 5 hours.

There may be some uncertainty in the recording 
of the pressure decrease in the early periods (up to 
10 minutes) due to lag in temperature equilibrium 
following the heat of adsorption and to the diffu
sion of the gas from the dosing system to the sample 
compartment. However, there is little doubt that

(7) Subsequent work has demonstrated that this criterion of out- 
gassing is not helpful in so far as being a measure of the reproducibility 
of the surface of the outgassed solid. A more helpful measurement is 
the determination of the rate of outgassing of the solid at the elevated 
temperature.

(8) S. Chu Liang, J. Appl. Phys., 22, 148 (1951); J. Phys. Chem., 
56, 660 (1952); 57, 910 (1953).

(9) M. J. Bennett and F. C. Tompkins, Trans. Faraday Soc., 53, 185 
(1957).

Fig. 1.—Rate of adsorption, calculated as fraction of steady- 
state values, showing extent of delayed adsorption.

the delay observed for longer periods is real and 
that the adsorption process is proceeding at radi
cally different rates. There was some correlation 
between the delay and other variables such as 
initial and final pressures and the volume ad
sorbed, or coverage. The delay was observed with 
both adsorbents, both adsorbates, and at both 
temperatures The above phenomenon is ob
viously quite complex and considerably more work 
is required for complete understanding.10

Data at High Relative Pressures.—Ten series of 
measurements were made at 77.2 and 90.0°K. 
with nitrogen-diamond, six with argon-diamond, 
eight with nitrogen-graphite, and ten with argon- 
graphite. The measurements overlapped and good 
reproducibility was observed in each series. The 
volumes of gas adsorbed (ml. at S.T.P.) in the 
relative pressure (x =  p/pa) range from 0.01 to 0.5 
are plotted in Fig. 2 as a function of the steady- 
state pressures. The two isotherms for each sys
tem cross over, i.e., there is a relative pressure 
range in which the adsorption at 90°K. is greater 
than that at 77.2°K. This was not observed for 
the corresponding isotherms at relative pressures 
below 0.01 (see Fig. 3). The isotherms for nitrogen 
at 90 °K. are above those at 77° to a greater degree 
than for argon for both the graphite and the dia
mond samples.

A pertinent point to bear in mind is that both 
isotherms were determined at temperatures above 
the two-dimensional critical temperature (7 /c). 
The normal critical temperatures of N2 and A are
126.1 and 1.50.6°K. and the values of T-,c are 63 
and 75°K., respectively. Consequently, the be
havior of the adsorbed layers must be explained in 
terms of a two-dimensional gas model.

The conventional isosteric heat of adsorption 
(constant coverage) is calculated from the expres
sion

A H isosteric = R .n(p/p0)i -  \n(p/pa)2
j_ _  J_
r 2 i\

(2)

At the crossover point where the values of v/po 
at the two temperatures are equal, the isosteric heat 
of adsorption is zero. When (71/7)0)77.2° <  ip/Pa) 90°, 
the heat is positive and when {p/pa)v.w >  (p/po)90.10

(10) Many measurements subsequent to those reported in this paper 
have added experimentally to the understanding of this phenomenon. 
Procedures have been developed whereby the induction can always be 
obtained and can be modified at w ill. A report of this work is given 
in  “ Advances in Chemistry”  Scries, Fall, 1961.



1114 Juan oe D ios Lopez-Gonzalez, Frank G. Carpenter and V ictor R. D eitz Voi. 65

Fig. 2.— Adsorption isotherms at high relative pressures. The coordinate is volume adsorbed, ml. S.T.P.

the heat is negative. Since a reaction must always 
go in the direction of lowering of the free energy 
of the system, appropriate entropy changes (in
volving the ordering of the adsorbed argon and 
nitrogen molecules) must accompany the inter
action in order that the free energy change at 77.2° 
be greater than that at 90.1 °K. It would appear 
that more than one crossover may take place be
fore saturation pressure is attained. Prenzlow and 
Halsey11 reported three crossovers (at p/po =  
0.15, 0.4 and 0.6) and a good indication of a fourth 
(at p/pn =  0.8) for adsorption isotherms of argon 
between 71.1 and 78.5°K. on a bare surface of 
heat-treated P-S3 (2700°). The measurements of 
Prenzlow and Halsey are believed to be the first
T ( l l )  C. F. Prenzlow and G.D. Halsey, Jr., J. Phys. Chem., 61, 1158

(1957).

publication dealing with this aspect of physical 
adsorption, although isotherms converging at high 
pressures have been reported by Trapnell12 for 
chemisorption systems.

The low-pressure adsorption isotherms are plotted 
in Fig. 3 on a logarithmic scale in order to cover the 
considerable range of relative pressure. The 
numbers denote the particular series of measure
ments. In some cases the number appears on both 
isotherms, this being accomplished by change in 
the refrigerant bath. The smooth curve through 
all points of the isotherm thus gives a measure of 
the reproducibility and reversibility of the data. 
It appears possible to approximate the behavior of 
each isotherm by a few linear regions, but there is no

(12) B. M. W. Trapnell, “ Chemisorption,'’ Chapter 5, Academic 
Press, Inc., New York, N. Y., 1955, pp. 118-124.
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Fig. 3.— Adsorption isotherms at low relative pressures. The ordinate scales are logarithmic in order to cover the range of
measurements.

indication that a final Henry’s law region was ap
proached in these measurements. The data for 
this sample of industrial diamond gave a close ap
proximation to a straight line over the entire 
range of observed pressures in Fig. 3 below about

p/pa =  0.05 and, therefore, this sample should 
have a very heterogeneous surface.

The low-pressure isotherms for mineralogical 
graphite include relatively sharp breaks in slope, 
even on the logarithmic scale of Fig. 3, which give
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Fig. 4.— B.E.T. plots for the adsorption data (olosed 
circles 77.2°K.; opened circles 90.0°K.). The dotted lines 
correspond to the value of F,„ estimated from point B of 
the isotherms.

these isotherms a stepwise appearance. The step 
occurs at a relative pressure between 10 _3 and 10-4. 
The scatter in the results below p /p 0 <  10-6 make 
these data of value only in pointing out the general 
trend of the adsorption isotherms. The step be
tween 10-3 and 10-4 occurs at far lower values of 
relative pressure than those originally reported by 
Polley, Schaeffer, and Smith4 and subsequently 
studied by Singleton, Champion and Halsey43 
for the case of graphitized carbon blacks. It will 
be shown that the steps in Fig. 3 correspond to 
surface coverages much less than 1.

In the isotherm of argon on graphite (see Fig. 3) 
the slope in the step at about p /p0 =  10-3 is very 
nearly unity. This particular behavior corre
sponds to Henry’s law, and if data had not been 
obtained at lower pressures, one might have sur
mised that a Henry’s law region was valid at yet 
lower pressures, as the simplified models of physical 
adsorption dictate. While this undoubtedly is 
true, the region cf Henry’s law has not as yet been 
reached in the present work. The step in the iso
therm cannot be interpreted as phase changes,14 
since this concept is not plausible at low coverages. 
Moreover, as already indicated, the isotherms were 
determined at temperatures above the two-dimen
sional critical temperature and thus must be inter-

(1 3 ) J . H . S in g le to n  a n d  G . D . H a ls e y , J r ., J. Phys. Chem., 5 8 , 1011 
(1 9 5 4 ) ;  W . M .  C h a m p io n  a n d  G . D . H a ls e y , J. Am. Chem. Soc., 7 6 , 
9 74  (1 9 5 4 ).

(1 4 ) S . R o s s  a n d  W . W in k le r ,  ibid., 7 6 , 2 6 3 7  (1 9 5 4 ).

preted in terms of a van der Waal two-dimensional 
gas.

Estimation of Vm.—The B.E.T. plots for graphite 
were not linear as shown in Fig. 4. Values of 
Fm, corresponding to monolayer coverage, were 
estimated from the point B intercepts and these 
are listed in Table I. These values correspond 
to a B.E.T. slope approximated by the dotted lines 
of Fig. 4 and are listed in Table I together with 
values corresponding to point B. The B.E.T. 
plots for the diamond were more linear, but the 
values derived for Vm differed appreciably from 
point B. The point B values were used in the 
following calculations of surface coverage. It may 
be significant that the crossover points shown in 
Fig. 2 occur very close to unit coverage as deter
mined by the point B intercept.

T a b l e  1°

E s t im a t e  o f  F m ( m l. ,  S .T .P .)
/------- G ra p h ite -------- >

B .E .T .
(d o t t e d

lin e
P o in t  B  F ig . 4)

r--------D ia m o n d -------- *
B .E .T .
(d o t t e d

lin e
P o in t  B  F ig . 4 )

Argon at 77° K. 0.19 0.19 0.30 0.33
Argon at 90° K. .18 .18 .28 .42
Nitrogen at 77° K. .21 .17 .30 .35
Nitrogen at 90° K. .20 .18 .28 .44
“ N o t e : The surface area may be calculated from  the 

following constants derived from the densities of the liquid: 
argon, 3.66 m .2/m l. at 77.2°K . and 3.86 at 90.0°; nitrogen, 
4.37 m .ym l. at 77.2°K. and 4.62 at 90.0°. The values of p,, 
were those of the liquid except argon at 77.2°K . for which 
the vapor pressure of the solid was used.

Determination of Spreading Pressure.— In order 
to calculate15 the heat and entropy quantities at 
constant spreading pressure, 4?, it is necessary to 
know the values of 4> as a function of the equilib
rium pressure at the two different temperatures. 
For this purpose, the Gibbs equation was used

f p  T  f x  V
4> =  R T  I r  d In p  =  0.371 ~  I  -  dz 3) J o  A  J o  i

where T =  absolute temperature, F =  surface con
centration of the adsorbed gas (Ns/A), Na =  the 
number of adsorbed molecules, and A =  surface 
area of the adsorbent. If A is expressed in m.2/g. 
and V in ml. (S.T.P.)/g., then $ is given in erg/ 
cm.2. The integration was performed graphically 
for each isotherm down to the lowest experimental 
point and a suitable extrapolation made to x =  0.

The extrapolation to zero pressure was made in 
all cases from the best line throughout the last few 
experimental points. The values obtained for 
4> at x =  10-6 are given in Table II. Because 
data were available at low pressures, the uncer
tainty involved in this extrapolation is small. 
This is illustrated in Table II in which the uncer
tainty estimated from the upper and lower limits 
of the scatter of the last few points may be com
pared with the value of the spreading pressure at 
x =  10-6. The adsorption data for diamond show 
slightly more scatter at the lower pressures (see 
Fig. 3) which lead to a slightly higher uncer
tainty.

(15) T. L. Hill, P. H. Emmett and L. G. Joyner, ibid., 73, 5102
(1951).
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T a b l e  II
E s tim a t e  of t h e  U n c e r t a in t ie s  in  Spr e a d in g  P r e s su r e , 

(erg/cm.2)
A<3? Estd.

°K.

4? at x = 10 ~ 
Based on 

the extrapn. 
of best line 

through 
lowest exptl. 

points

6

A<£ Estd. % of 4> 
from scatter at x = 10 “8 

of data

from dif
ference 

between 
Henry 

and
Freundlich
extrapn.

% of 4» 
at x = 
10-8

Nitrogen and diamond
77 0.28 0.053 19 0.032 it
90 .27 .062 23 .021 8

Nitrogen and graphite
77 .46 .023 5 .030 7
90 .22 .009 4 .023 10

Argon and diamond
77 .057 .018 31 .0059 10
90 .046 .021 45 .0073 16

Argon and graphite
77 .137 .008 6 .045 33
90 .071 .009 13 .016 23

The difference between a Henry’s law and a 
Freundlich extrapolation to zero pressure was esti
mated. When V =  kx is introduced into equation 
3, $  =  0.371 {T/A)V. When V =  kx»/», $  =  0.371 
('T/A)nV. The difference between the two ex
trapolations is

A4> = 0.371 j  (n -  1)7 (4)

where V in this instance is the volume adsorbed 
at the lowest observed point. The results in Table 
II show that it is small, being of the same order of 
magnitude as that due to the scatter of the data. 
The errors in the argon isotherms are larger because 
these were not obtained at as low relative pressures 
as nitrogen and the extrapolation was somewhat 
longer. At higher relative pressures, however, 
this error in $  becomes entirely negligible.

Heat and Entropy Quantities.—The heats of 
adsorption at constant spreading pressure for min- 
eralogical graphite and for the diamond sample 
were calculated by the method of Hill, Emmett and 
Joyner.15 Smooth plots of $  as a function of rela
tive pressure were drawn on a large scale and the 
corresponding values of relative pressure at con
stant $  at the two temperatures were obtained. 
The average values for relative pressure, x, and for 
the temperature, T, were, respectively

In x = i  [In Xi +  In x 2] and \  f^ \

The isosteric heats and entropies also have been 
calculated from the isotherms and one of these, the 
isosteric heat of argon on graphite, is plotted against 
coverage in Fig. 5. There is a sharp maximum at 
about 6  =  0.9 that is almost identical with the 
calorimetric behavior reported by Beebe and 
Young16 for argon on a Spheron carbon black that 
had been heated to 2700°. These authors inter
preted the maximum as due to lateral interaction 
on a graphite-like surface, an acceptable explana
tion in view of the high coverage. The isosteric 
heat plotted in Fig. 5 increases with decrease in

(16) R. A. Beebe and D. M. Young, J. Phys. Chem., 58, 93 (1954).

Fig. 5.— Isosteric heats for argon on mineralogical graphite.

coverage, beginning at a coverage of about 0.70 
and continuing to about 0.02. Below 0.02 there is 
an indication that it might drop again, but it is 
difficult to attribute much certainty to this trend 
in view of the scatter of the isotherm data at cover
ages less than 0.02 (i.e., relative pressures less than 
10-«).

The heats and entropies at three values of frac
tional coverage are given in Table III for the dif
ferent adsorbate-solid systems. At a designated 
coverage, there are important differences in these 
quantities, but in the case of argon on diamond, 
the values at constant spreading pressure agree 
with those calculated at constant volume ad
sorbed.

T a b l e  III
H e a t  an d  E n t r o p y  Q u a n t it ie s  a t  D e sig n a t e d  C o v e r a g e

Free Constant sspreading
Cover- /------ Isosteric-------- > energy /------ pressure----- -

age AH AS AF AH AS
Nitrogen on diamund (Frn = 0.29)

0.02 -1470 +  9 -2200 -  100 25
0.1 -1250 +  1.7 -1400 -1000 6
1.0 -  90 +  4.2 -  440 -  300 2

Argon on diamond (Fm = 0.29)
0.02 -1200 +  5.0 -1650 -1200 6
0.1 -  720 +  5.0 -1150 -  750 5
1.0 -  85 +  3.9 -  410 -  80 4

Nitrogen on graphite (Fm = 0.20)
0.02 -2200 +  1 -2300 -1550 9
0.1 -  980 +  7.0 -1550 -  800 9
1.0 +  650 +  13.8 -  500 0 5

Argon on graphite (Fm = 0.19)
0.02 -1700 +  5 -2100 -1050 13
0.1 -1200 +  2.2 -1400 -  850 7
1.0 -  700 -  2 -  580 -  400 2

The variation of the heats of adsorption at con
stant spreading pressure with coverage is given in 
Fig. 6. One interesting aspect of these curves is 
the leveling off at coverages between 0.1 and 1. This 
is followed in three cases out of four by a steady r i-e 
to higher values at lower coverages. The heat of 
adsorption per molecule might be expected to 
increase with decrease in coverage, perhaps leveling 
off at some particular finite value as zero coverage 
is approached. In the case of nitrogen on dia
mond, however, there is a pronounced maximum
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v/vm.
Fig. 6.— Calculatad heats at constant spreading pressure 

(integral heats).

Fig. 7.— Calculated entropies at constant spreading pres
sure (integral entropies).

at about 7%  coverage. Orr17 made calculations 
of the differencial heats of adsorption from iso
therms of argon and nitrogen on potassium chlo
ride and cesium iodide. He reported maxima in the 
neighborhood o: monolayer coverage and explained 
these in terms of mutual van der Waals attraction 
of the adsorbed molecules. Drain and Morrison18 
calculated contributions of the dispersive forces 
to the isosteric heats of adsorption of argon on 
rutile, but these indicate a similar behavior with the 
maximum heat in the neighborhood of 9 =  0.5. 
The maxima indicated at still lower coverage in 
Fig. 6 remain an unexplained but reproducible 
anomaly.

(17) W. J. C. Orr, “ The Adsorption of Non-Polar Gases on Alkali 
Halide Crystals,” Proc. Roy. Soc., A173, 349 (1939).

(18) L. E. Drain and J. A. Morrison, Trans. Faraday Soc., 48, 316, 
810 0052).

The entropies at constant spreading pressure are 
given in Fig. 7. There are minima in the neighbor
hood of monolayer coverage in all cases. Graphite 
shows an additional minimum at about 9 =  0.03 for 
nitrogen and a plateau for argon in the same region. 
It is interesting to note that there are maxima in 
the corresponding heat curves of Fig. 6 at about the 
same values of coverage. It is tempting to suggest 
that the two minima of the entropy curves on min- 
eralogical graphite are due to the completion of 
monolayers on two types of sites. At 6  — 1.0 the 
monolayer is completed on the more abundant 
basal planes and at 6  =  0.05 the layer is complete 
on the prism faces. This is consistent with the 
estimate that about 5% of the total area is in the 
prism faces. This behavior of the entropy curves 
is not seen in diamond because of the difference in 
crystal structure, the diamond being isotropic.

There is a trend in the molar entropy of the 
adsorbate to very high values at the lowest cover
age. Hill19 predicted that this must approach +  oo 
at zero coverage on the basis of the model of statis
tical mechanics employed to yield the B.E.T. iso
therm. The steady increase in entropy is in agree
ment with the behavior of an adsorbed two-dimen
sional gas film which must be present under the 
conditions of these measurements. The entropy 
of nitrogen on diamond is above that at argon to 
the lowest coverage, in agreement with the order 
of the two dimensional critical temperatures (63 °K. 
for nitrogen and 75°K. for argon).

Concluding Remarks
The mounting interest in low energy surfaces 

brings into a sharp focus the problem of initial 
sample preparation. The concept of an inert ad
sorbent surface has been helpful for high energy 
surfaces in the region of large adsorption. However, 
it has been shown that the particular topography 
of the outgassed surface makes a significant con
tribution and, in fact, it may even make itself felt 
through several statistical layers of adsorbate as 
indicated by the work of Singleton and Halsey20 
with xenon multilayers.

The location of adsorbed argon atoms or nitro
gen molecules on a carbon surface above the 
critical temperature is indefinite. The use of the van 
derWaals two-dimensional equation of state attempts 
to take into account the attractive forces between 
the adsorbate and the surface atoms. The dimen
sions of the adsorbate atoms and the separation 
of the adsorbent surface atoms are generally not 
commensurable and the interaction results in the 
formation of clusters, or patches, the sizes of which 
enlarge with increase in relative pressure. In the 
formation of the statistical multilayer, the various 
clusters approach but in all likelihood do not dove
tail neatly with each other. This introduces a 
non-uniformity in the over-all multilayer that can 
influence the adsorption at individual sites. Some 
of the peculiarities in the multilayer region 
might be explicable on such a model. From the 
point of view of a would-be adsorbate atom or 
molecule, there are many locations having rather

(19) T. L. Hill, J. Chem. Phys., 17, 520 (1949).
(20) J. H. Singleton and G. D. Halsey, Jr., .7. Phys. Chem., 58, 330 

(1954).
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shallow minimum potential energy wells in the 
region where the clusters merge. In fact it has 
been suggested21 that entropy differences in cluster 
formation relative to cluster decomposition could 
possibly account for hysteresis. Although high 
surface mobility would tend to favor a uniform 
packing, the residual interaction due to the pres
ence of clusters would tend to counteract this.

There is a possible analogy with the various ar
rangements realized in packing mono-sized spheres 
on a macro scale. When spheres are packed ex
perimentally by dumping them into a box, regular 
packings are never realized. Herdan22 found that 
upon prolonged vibration the voids are about 39.5% 
and the corresponding packing essentially ortho
rhombic. Graton and Frazer23 concluded that the 
usual packing of mono-sized spheres consists of 
colonies of rhombohedral packing with random 
packing in between. Smith24 measured both 
porosity and the number of points of contact. For 
porosities of about 44% there was a maximum at 
7 or 8 points of contact, indicating predominantly 
orthorhombic packing. At porosities of about 37% 
(achieved by shaking) maxima occurred at both 8

(21) L. F. Gleysteen and V. R. Deitz, J. Research Natl. Bur. Stand
ards, 35, 285 (1945).

(22) G. Herdan, “ Small Particle Statistics,” Elsevier Publishing Co., 
Amsterdam, 1953, 520 pp.

(23) L. C. Graton and Ii. J. Frazer, J. Geol., 43, 785 (1935).
(24) W. 0 . Smith, Phys. Rev., 34, 1271 (1929).

and 12 points of contact, indicating colonies of 
rhombohedral interspersed with colonies of ortho
rhombic.

It is likely, therefore, that the arrangement of ad
sorbate molecules in parts of the monolayer and 
in the statistical multilayer adsorbed phase can 
lead to significant entropy changes and, for the 
case of a low energy surface, these can make a sig
nificant contribution to ;he free energy change of 
the adsorption process.

It may be concluded that there are many simi
larities and some differences in the behaviors of 
mineralogical graphite and heat-treated carbon 
blacks. The similarity is closest when the carbon 
black is heated to 2700 L The isosteric heats of 
adsorption are in close agreement in the neighbor
hood of monolayer coverage and the partial molar 
free energies of adsorption at different temperature, 
i.e., the isotherms, show the same ability to cross
over after monolayer coverage. The behavior at 
low relative pressures, i.e., the steps in the iso
therms, suggests that the surface of graphite may 
be more homogeneous than a heat-treated carbon 
black, and the recent work by Ross and Olivier25 
provides definite indication that this is more a 
question of degree than a fundamental difference 
in the adsorbing surface.

(25) S. Ross and J. P. Olivier, ./. Phys. Chem., 65, 608 (1961).

OPTICAL ROTATORY DISPERSION OF THE /3-FORM OF THE POLYPEPTIDE
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The /3-form of poly-y-benzyl-L-glutamate (PBLG) was studied by measurement, of the optical rotatory dispersion and infra
red absorption spectrum. The fraction xp  of this intermolecular hydrogen-bonded configuration of the polypeptide chain 
increases with the concentration. The relation between xp  and the concentration was obtained by comparing the intensities 
of the 1660 and 1630 cm.-1 absorption bands. By this relation to analyze the optical dispersion curve, we estimated two 
unknown constants characteristics of the /3-form. It was also confirmed that the hydrogen bond in the /3-form and the 
a-helix of low-molecular weight PBLG is much more labile than that of the a-helix of high-molecular weight PBLG.

Introduction
By physicochemical methods such as X-ray 

diffraction and infrared absorption spectrum it has 
been established that the synthetic polypeptide 
chain exists not only in the a-helix or random coil 
but also as the /3-form in solution.2’3 This fact is 
especially interesting in relation to protein struc
ture since the synthetic polypeptide is a useful 
model for the study of the chemical and biological 
properties of the natural protein.

In poly-y-benzyl-L-glutamate (PBLG), one of the 
synthetic polypeptides, the stability of the a- 
helix decreases with the molecular weight even in 
a solvent which stabilizes the a-helix of high molce-

(1) Department of Chemistry, Faculty of Science, Tokyo Uni
versity, Kongo, Tokyo, Japan.

(2) C. H. Bamford, A. Elliott and W. E. Hanby, “ Synthetic Poly
peptides,”  Academic Press, New York, N. Y., 1956.

(3) E. R. Blout and A. Asadourian, J. Am. Chem. Soc., 78, 955 
(1956).

ular weight PBLG. The critical degree of poly
merization for this instability was found to be 
around ten.4 Below this point the polypeptide 
chain forms an intermolecular rather than an 
intramolecular hydrogen bond and assumes a 
pleated sheet configuration which is called the /3- 
form. The extent of intermolecular hydrogen 
bonding in the /3-form depends on the concentration 
of PBLG in solution.

Yang and Doty5 have shown that the optical 
rotatory dispersion curves also yield useful infor
mation for the study of the chain configuration of 
natural protein and synthetic polypeptides. This 
method has been used, for instance, to determine the 
fractions of the a-helix and random coil which co
exist in a molecule. Imahori6 has extended his

f-t) J. C. Mitchell, A. E. Woodward and P. Doty, ibid., 79, 3955 
(1907).

(5) J. T. Yang and P. Doty ibid., 79, 761 (1957).
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Fig. 1.-— Optical rotatory dispersion of PBLG 301-1 in EDO.

Fig. 2.— Modified plot of the optical rotatory dispersion 
of PBLG 301-1 in EDO corresponding to Fig. 1; A0 is taken 
as 0.212 ¡i.

work to include the /3-form and, on the basis of the 
theoretical discussion of Moffitt, Fitts and Kirk
wood,6 7 developed an empirical equation; the spe
cific optical rotation at the wave length A can be 
written in terms of the fraction of a-helix xr, 
of /3-form xp, and that of random coil x-r =  (1 — 
.eh — xp) as

[a]\ = l“»R +  “onZn +  a^xp] x2 ^ ^  +

{bfPxn +  b0Sxp) ^  ^2.2 (1)

( 6 )  K. Imahori, Biochem. Biophys. Arta, 37, 3 3 6  ( 1 6 6 0 ) .

( 7 )  W. M offitt, D. D. F itts  and .T. G. Kirkwood, Proc. Natl. Acad.
Sci., 4 3 ,  7 2 3  ( 1 9 5 7 ) .

where M 0 is the residual weight, n is the refractive 
index of the solvent, and a0Ris a constant character
istic of each of the amino acid residues. In the 
case of PBLG, a0R =  —540 was taken as the most 
reasonable value; a0H and 50H, the constants for 
the a-helical configuration, were determined by 
Doty and Lundberg8 as +680 and —600, respec
tively, for the right-handed a-helix. In spite of the 
importance of eq. 1 in the study of protein struc
ture, the two constants, aae and b/ characteristic 
of the /3-form, have not been determined.

We have studied the /3-form of PBLG by optical 
rotatory dispersion and infrared absorption spec
trum measurement. The unknown constants, 
o0'3 and b^, were determined experimentally.

Experimental
Materials.— For the preparation of the low-molecular 

weight PBLG, y-benzyl-N-carboxy-L-glutamate anhydride, 
synthesized by the Blout-Karlson method9 were polymer
ized in dry dioxane; ?i-hexylamine was used as an initiator. 
After completion of the polymerization, the reaction mix
ture was poured into cold ethyl ether with vigorous stirring. 
The precipitate was separated by centrifugation and dried 
in  vacuo. This product was suspended in formic acid at 
20°.M After removal of the insoluble portion by centrifu
gation, the formic acid was vacuum distilled. The distil
lation residue was washed with ether, dissolved in dioxane, 
and lyophilized. The purity of this low-molecular weight 
PBLG was checked by paper chromatography with ethylene 
dichloride-ethanol-water system. The molecular weights 
of the samples were estimated from the intrinsic viscosity 
measured in dichloroacetic acid.6 The dioxane was puri
fied according to Fieser’s method10 and fractionally distilled 
after 24 hours of refluxing with sodium, 101.0°. Ethylene 
dichloride (EDO) was dried over P2O5 and fractionally 
distilled at 84°.

Measurements. Optical Rotatory Dispersion.— The op
tical rotation was measured in the w'ave length range 340- 
700 ni/n with a Hitaclii Photoelectric Polarimeter equipped 
with a Beckmann-type monochromater and a 10 cm. liquid 
tube. The concentration range of PBLG was 0.5-5 g./100 
ml.; EDC or dioxane was used as the solvent.

Infrared Spectrum.— The infrared spectrum was meas
ured with a Perkin-Elmer 21 Spectrometer equipped with 
a sodium chloride prism; we used calcium fluoride window- 
sealed cells of 1, 0.5, 0.2, 0.1 and 0.025 mm. depth.

Results
Optical Rotatory Dispersion.—A typical rotatory 

dispersion curve of low-molecular weight PBLG 
is shown in Fig. 1; unlike the curves for the a- 
helix and the random coil, the [a] values decrease 
with increasing wave length and tend to increase 
with the concentration. For convenience in future 
analysis, these dispersion curves were replotted as 
shown in Fig. 2. The modified plot, [a](A2 — X02) 
vs. (X2 — Ao2)^ 1, usually becomes a straight line as 
shown in the figure, the intercept of which gives 
100(n2+2)/371fo {a0R +  aoH£H +  ao+^l A02 and the 
slope gives 100(n2 +  2)/3M 0 {50h^h +  bo+tslV- 
The intercepts (/) and slopes (S) of two samples at 
several concentrations are listed in Table I.

Infrared Spectrum.— The fraction of the /3-form 
was estimated from the infrared absorption spec
trum. From the spectroscopic studies of Ambrose 
and Elliott,11 and Bamford, et al. , 12 the absorption

(8) P. Doty and R. D. Lundberg, ibid., 43, 212 (1957).
(9) E. R. Blout and R. H. Karlson, J. Am. Chem. Soc., 78, 941 

(1956).
(10) L. F. Fieser, “ Experiments in Organic Chemistry,”  2nd Ed., 

D. C. Heath & Co., Boston, Mass., 1941, p. 361.
(11) E. J. Ambrose and A. Elliott, Proc. Roy, Soc. {London), 205,A 

47 (1957); A208, 75 (1951).
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band near 1660 c m r 1 has been assigned to be 
C = 0  stretching mode of the a-form, and the band 
near 1630 cm.-”1 to that of the /3-form. Blout and 
Assadourian3 confirmed these conclusions and in 
addition found that the absorption intensity at 
1630 cm .-1, which is proportional to the fraction 
of the /3-form, increases with the concentration of 
PBLG. Therefore, the absorption intensity at 
1630 cm.“ 1 can be used as a measure of the fraction 
of the (3-form.

The spectra in the neighborhood of the 1630 
and 1660 cm.-1 bands given by dioxane and EDC 
solutions at several concentrations are shown in 
Fig. 3a and Fig. 3b, respectively. For each solu
tion, the optical rotation was measured at the same 
time as the absorption spectrum. Slight differences 
in the wave numbers of the absorption maxima were 
observed for the PBLG solutions in different sol
vents; maxima were observed at 1629 and 1666 
cm.--1 in dioxane and 1630 and 1665 cm.-1 in EDC.

We cannot estimate xp directly from the height 
of the absorption peak as the residual absorption 
coefficient of the pure /3-form ( A63o°)1S not known ; 
furthermore, for analysis of the spectrum the effect 
due to overlapping by the foot of the neighboring 
absorption band must be considered. Therefore, 
we resorted to the following device to estimate the 
residual absorption coefficient. As mentioned 
above, the absorption band near 1660 cm .-1 is 
supposed to be a contribution from both the a- 
helix and random coil, and we have assumed for 
simplicity that the residual absorption coefficient of 
these two configurations at this wave length is the 
same. The intensity of the 1660 cm .-1 band is also 
assumed to vary linearly with the intensity of 
the 1630 cm .-1 band. This assumption is based 
on the idea that the /3-form can be formed only at 
the expense of the a-helix or random coil, and also 
that the absorption intensity at these wave num
ber is proportional to the extent of this transfor
mation. We will show later that these assumptions 
are reasonable and do not seriously effect our con
clusions. -DM) vs- L)i63o, the apparent residual 
absorption coefficient of the 1660 and 1630-1 cm.“ 1 
bands, respectively, should give a straight line as 
shown in Fig. 4. The D U 3 0  values must be cor
rected for the effect of overlapping by the foot of the 
neighboring absorption band and the corrected 
absorption coefficients are those indicated by the 
thin lines (closed circles) which were drawn in such 
a manner that D l i 3 0  cor is zero at infinite dilution. 
The intercepts give the values of the residual ab
sorption coefficients: Dp0 =  630 (dioxane), 820 
(EDC), and A i+ r° = 380 (dioxane), 450 (EDC). 
Then xp can be estimated from xe =  D m o  cor/  
n 0 -p'mo •

Next, let us reconsider the two assumptions 
mentioned above. Strictly speaking, the contri
butions of the a-helix and random coil to the 1660 
cm.“ 1 band are not equal but depend on the re
lation 12 13

-hioGO — Dhelixtrn —f Hcoif.I R (—)
A couV A kr*1) = 0.85

(12) C. H. Bamford, W. E. Hanby and F. Ilappey, J. Phys. Chetn 
A205, 30 (1951); A206, 407 (1951).

(13) K . Imahori, private communication.

Fig. 3a.— Infrared absorption spectrum of PBLG 701-1 in 
dioxane (D , apparent residial absorption coefficient).

Fig. 3b.— Infrared absorption spectrum of PBLG 701-1 in 
ED C (D, apparent residual absorption coefficient).
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Fig. 4.— Relation between the apparent absorption coeffi
cient of 1630 and 1660 cm ."1 line (open circle). Closed 
circles give corrected intensity of the 1630 cm.-1 absorption 
band.

Fig. 5.— Illustration depicting the relation between the 
intensity of 1630 and 1660 cm ."1 absorption line under the 
limiting condition of the transformation.

expense of the a-hclix, there should be a break in 
the straight-line relation between Dmo and Dim 
given in Fig. 4. In Fig. 5 we have drawn sueh a 
curve for a hypothetical PBLG sample containing 
the 45% helical form. According to the discussion 
given above, the Dmo° required for the estimation 
of xp will not be found experimentally. However, 
the assumption used in Fig. 5, that the 45% helix 
content in the PBLG is limiting, is a fictitious 
condition which would not occur in our samples. 
Thus, such effects can be safely assumed to be 
negligible, less than 5%, and will not introduce a 
serious error into our conclusions.

The relation between the fraction of the /3-form 
and concentration is shown in Fig. 6. The frac
tion of the /3-form in EDC is much higher than that 
in dioxane solution at the same concentration. 
This finding is in agreement with the results in 
Table I obtained from the optical rotation data

T a b l e  I
I n t e r c e p t  an d  Slo pe  o f  M odified  O pt ic a l  D isp e r s io n  

C u rve  of PBLG
Sample Concn.

Solvent (g./100 ml.) I S
EDC 1.857 5.60 0.038
EDC 1.485 4.97 .038
EDC 1.220 3.61 -  .002
EDC 0.797 3.03 -  .017
EDC 1.23 3 60 .015
EDC 0.74 1.80 -  .05
EDC 0.57 0.60 -  .08
Dioxane 4.19 1.71 .071
Dioxane 2.62 0.72 .03
Dioxane 1.64 — 0.35 .010
1 lioxane 1.02 -1 .6 4 .000
Dioxane 0.79 -1 .8 5 -  .013

“ Initiator-anhydride ratio; A / 1  = 4, molecular weight = 
2200. 6 Initiator-anhydride ratio; A /1  =  4, molecular
weight = 2000.

Fig. 6.— Relation between the. fraction of /3-form and the 
concentration of low-molecular weight PBLG.

So, if the /3-form formation follows a hypothetical 
limiting process, in which the /3-form is first made 
at the expense of the random coil and next at the

Disscussion
The following method was used to estimate the 

unknown constants of eq. 1, a0e and b0 which are 
characteristic of the /3-form. As frequently men
tioned and deduced easily from eq. 1, the intercept 
I  and the slope S of the modified plot are given by 
equations (3a) and (3b), respectively

I  =  4 ( o 0R +  a 0HXH +  aoftrg) (3 a )
S  = B (b 0Hx  H +  boPxP) (3b)

where
100 n2 +  2
,1/° 3

Xo2, and B  = .1 Xu2

Eliminating .th or xp in eq. 3a and 3b, we have

( i  "  1 x  §  w  (/  -  g )  xp +  «„« (4a)

( r £ x / )  = v ! ( f c - f ) *  “  +  a”R (4b)

where/ =  auß/b0B.
When the left side of eq. 4a is plotted against 

x& as shown in Fig. 7, the intercept will give OoR 
and the slope b0B( f —a0n/b0H), values which are listed 
in Table II. At this stage we still cannot de
termine both cioP and b0P unless one of them is de
termined by another method. For further analy
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sis, let us plot xp against x R, using eq. 4a and 4b, 
for the several given values of /  as a parameter as 
shown in Fig. 8. If we assume here, as Blout 
and Assadourian have pointed out, that .rH is 
constant, in other words, that the /3-form formation 
occur only at the expense of the random coil 
but not at the expense of the a-helix having a de
gree of polymerization higher than the critical 
number, then 2 must be the reasonable value for /, 
and and b f  can be determined as listed in the 
fourth and fifth rows of the Table III.

T a b l e  II
C o n s t a n t s  o f  t h e  O p t ic a l  R o t a t io n  of  PBLG in  

D io x a n e  a n d  EDC
/= ( + + + )  = 2 

bß
it _ J aASolvent aaR (/ -  <mh/6„h) aih b„ß .m

Dioxane — 250 1300 840 420 0. 11
EDC — 500 1300 840 420 0.23

T a b l e  III
Fractions o f  t h e  H e l i x  a n d  /3-Form o f  PBLG in

ED C—DCA Sy s t e m

DCA % by yol. XP ■r H

0.0 0.45 0.22
0.3 .29 .21
3.0 .08 .00

Although a05 and bfP can be estimated as described 
above, there are several points which should be 
discussed. First, it is believed that a much larger 
error occurs in the measurement of the slope of the 
modified plot than of the intercept. To evaluate 
this source of error ci,,13 was estimated also by plot
ting /  against Xp with ,th constant. The values of 
do'3 thus obtained were +790 in dioxane and +860 
in EDC. These results, obtained without refer
ence to the slope of the modified plot, are quite 
consistent with those estimated by using both I  
and S , and indicate that the values listed in Table 
III are reasonable. The second point to be dis
cussed is the variation of a0R in different solvents. 
Although a0R should be a constant for any given 
amino acid residue, it is known to be changed by 
the solvation, an effect which will be pronounced 
in the case of a short polypeptide chain; the dif
ference observed between the EDC and dioxane 
solutions can be attributed to a solvent effect. 
The third point is the difference between the mean
ing of the xp estimated from the infrared spectrum 
and that calculated from eq. 1. The former indi
cates the fraction of the residue w+ich forms an 
intermolecular hydrogen bond, while the latter 
is the fraction of the residues having a /3-configura
tion in the backbone chain. The fourth power is 
that the effect of the chain end is unknown, an 
effect which may not be negligible especially for 
such a low-molecular weight sample.

These problems, which should be investigated, 
may account for the difference in a„R values and 
make the values of xp somewhat unreliable. How
ever, the fact that the solvent does not affect 
a /  and b f ,  and that a reasonable value for was 
obtained without recourse to the slope data, indi-

Fig. 7.— Relation between j  — ~  x  and xp.

Fig. 8.— Relation between xp and *n for different values of the 
parameter /.

cates that, insofar as tire assumption of constant 
.¡'h  is valid, «0fland f+  as given in Table II are correct.

With known values for a+  and b / ,  we can study 
the chain configuration of this low-molecular weight 
polypeptide. For example, the effect of dichloro- 
aeetic acid, which is considered to be a hydrogen 
bond breaking agent, on .tn and xp in EDC was 
measured. As shown in Table III, above a 3% 
concentration of DCA both ah and xp become zero. 
This means that the hydrogen-bonded-states of 
such a low molecular weight PBLG are much more 
labile than that of the a-helix of high-molecular 
weight polypeptide.
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The pyrolysis of cyclohexeno has been studied over the temperature range 425-535°. There are three concurrent homo
geneous decomposition processes.

C2H4 +  CH2= C H — C H =C H 2 CII4, C2H0, C3H6, Butenes, C6 compounds

The first two processes arc intramolecular and have been established to be first order with specific rate constants 1.4 X 
10n exp [ — 72700/ I iT  sec.-1], and 1.9 X  1016 exp [ — T V 200/R T  sec.-1], respectively. The third decomposition path is 
via  a free radical mechanism which accounts for 10%  or less of the total cyclohexene decomposed. The specific rate constant 
for the over-all decomposition is fco =  7.7 X 1 0 16 exp ( —( )7 6 0 0 //r T  sec,.-1), Mechanisms consistent with the data are pro
posed. Of especial interest is the interpretation of the data which shows that the energy of activation for the two intra
molecular paths is the same within experimental error.

Introduction
Studies of the pyrolysis of cyclohexeno to form 

butadiene and ethylene have been reported by 
Kiichler2 to have a first order rate constant and

k =  9.0 X 1012 exp ( — 5 7 5 0 0 / R T  sec.-1)

more recently by Kraus, Varruska and Bogart,3 
who report a homogeneous first order constant of 
k =  1.22 X 1012exp( — 55100/RT sec.-1) in quite 
good agreement.

Kiichler employed a static system and followed 
the reaction by pressure measurements and analysis 
of the products. He has identified most of the 
important products which we identify, with the 
exception of 1,3-cyclohexadiene. He assumed that 
all the products except butadiene and ethene re
sulted from secondary reactions. Kraus, Varruska 
and Bogart employed a flow system in their work, 
and report that only butadiene and ethene are the 
primary products. As will be shown later, our 
results indicate that there are three concurrent 
pyrolysis paths.

It was decided to reinvestigate the pyrolysis of 
cyclohexene. Since the C—C bonds a  to the double 
bond in cyclohexene are at least 15 keal. weaker 
than normal C—C bonds, the breaking of one of 
these bonds should be the first step of the pyrolysis. 
A six-membered bi-radical would result whose 
further reactions could be inferred from the prod
ucts.

Apparatus, Materials and Procedure
Cyclohexcne was obtained from the National Bureau of 

Standards. It was frozen and pumped, then liquefied and 
refrozen until it was freed of air. Its purity as checked by 
gas chromatography and mass spectrometry was 99.9 +. 
Deuterium was obtained from the Stuart Oxygen Company. 
It was freed of any trace of residual air by passage through 
a charcoal trap at liquid nitrogen temperatures. Mass 
spectrometer analysis showed it to be 98.9% I)2 with 1.1%  
HD impurity.

Cylindrical glass reaction vessels of about 50-cc. capacity 
equipped with a breakseal were sealed to a manifold. A 
predetermined pressure of cyclohexeno was added to the 
evacuated vessels, each of which was surrounded by liquid 
nitrogen and removed from the manifold with a torch. 
For deuterium-eyclohexene mixes the procedure was similar, 
except that after recording the pressure of cyclohexene at

(1) Presented before the Cleveland ACS Meeting, 1960.
(2) L. Kiichler, Nach. Gcs. TFiss. Gottingen, 1, 231 (1939).
(3) M. Kraus, M. Varruska and V. Bogart, Chem. Listy, 50, 553

(1956).

room temperature the vessel was placed in a liquid nitrogen 
bath and deuterium was added to a predetermined pressure.

The reaction vessels were preheated in a furnace about 
150° below the reaction temperature and then plunged into 
a salt bath at the desired pyrolysis temperature. A dummy 
reaction vessel which had a fine wire thermocouple with its 
junction in the center of the vessel, was cycled through the 
standard pyrolysis procedure. It showed that the reaction 
temperature was attained in about 15 seconds. The actual 
time of immersion was corrected by this interval. After 
reaction the sample flasks were quenched in an air stream.

The reacted mixture was analyzed by a combination of 
mass spectrometer and gas chromatography methods. The 
gas chromatography analyses were carried out by a combi
nation of two columns; a 1.5 squalane on Pelletex column 
gave complete resolution through the C3 region, and a 25%  
1 methyl-5-(2-methoxyeth3d)-tetrazole on C»2 brick column 
separated the C4-C7 straight chain, cyclics and aromatic 
compounds.4 Quantitative values from the gas chroma
tography runs were obtained by measurement of the peak 
area. The sensitivities of the products (peak arca/micro- 
rnole) were determined under the conditions of column oper
ation. The products of the cyclohexene-deuterium mix
tures were separated on the gas chromatograph, trapped, 
and then analyzed for deuterium content with the mass spec
trometer.

Results
Tabic I shows the products of reaction from the 

pyrolysis of cyclohexene at a number of tempera-
T a b l e  1“

G a s  C h r o m a t o g r a p h ic  A n a l y s is  o f  P r o d u c t s  o f  C y c l o -
IIEXENE P y ROI.YZEI) AT VARIOUS TEMPERATURES 

Products reported in moles X 107
Temp., °C. 477 500 535
Time, sec. 910 300 150
Cyclohexene 534.0 528.0 305.3
CH, 1 .5 2.3 14.7
c 2h . 45.5 53.8 130.2
c 2h 6 1.0 1.0 7.0
Chile 8.7
1,3-Butadiene 32.8 43.0 111.0
Butanes 1.5 1.0 5.0
Cyclopentane 
Methyleyclopentane ,f 1 8 0.8 1.3

Cyclohexane 1 
Hexene J 5 0 3.7 4.5

1,3-Cyelopentadienc ) 
Hexene 1 1.0 1.9 4.7

1 ,3-Cyclohexadiene 10.4 18.2 24.7
Benzene 2.8 4.1 11.4

“ II2 is very insensitive in a helium 
listed as a chromatographic product.

carrier gas and is not
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T a b l e  II
D e u t e r a t io n o f  t h e P r o d u c t s  f r o m THE P y ROI.,YSTS OF C y c l o h e x e n e

t = fico0, tim 
/ \  '

e = 300 pop. T = 515°, timo =  150 sec. T = 504°, time
/Y.

— 183 sec.

I C - = 1/36 l > - : 1/30
f  ) n * =

1/35

da di ch d-à do y /
di Ó2 dz do di d/i 1

Methane 65.7 33.6 0.6
Ethylene 98.4 0.9 0.4 0.3 98.9 0.8 0.3 99.0 0.9 0.1
Ethane 60.2 35.4 4.4
Propylene 71.0 28.6 1.3 71.2 27.3 1 .4 0 . 1 80.3 19.0 0.7
Propane 75 25 55.2 34.0 9.9 0.
Isobutene 55.3 36.2 8.5 53.0 38.5 8.5
a.s-Butene-2 28.6 21.6 49.0 48.1 36.0 15.9
irans-Butene-2 28.9 20.7 50.4 27.9 20.9 50.1 1 . 0
1,3-Butadiene 98.5 1.3 0.1 0.1 98.4. 1.5 0.1
Methylcyclopentanc 35.0 46.0 19.0
Cyclohexane 32.3 4 7 .9 19.8 34.0 45.7 20.2
Hexadiene 58.5 41.5
Pentadiene 75.3 24.7
1,3-Cyclopentadiene 97.3 2.7
Hexadiene 76.7 23.3
Cyclohexene 98.G 1.3 0.1 99.5 0.4 0.1
1,3-Cv clohexadiene 99.5 0.5 99.7 0.3
Benzene 98.G 1.4 98.3 1.7

lures. The analyses show clearly that ethylene 
and butadiene appear in about equal amounts 
(butadiene is so reactive that its value is always 
somewhat low) and are the major products at all 
the temperatures.

Thus the main decomposition path is an inverse 
Diels-Alder reaction

c2h4 + ch:= chch= ch2 (1)

The H atom would be a chain carrier

(5)

(6)

If this were the mechanism for the formation of

The deuterium marking of the reaction products 

from the pyrolysis of a .36/1 mix is

shown in Table II. The ethylene and butadiene 
products are only very slightly deuterated in agree
ment with an intramolecular mechanism.

The next most important hydrogen products 
are 1,3-cyclohexadiene, and benzene. These 
products are only slightly deuterated in a

36/1 Ds/ mix.

then addition of D2 to the reacting mixture

would provide a competitive reaction path for the 
atoms

H +  D2 — > HD +  D (7)

(8)

We should observe that the rate of formation of H2 
would decrease, and the decrease in its rate would

T a b l e  III

Cyclohexadiene and Ii2 could be produced by a 
free radical mechanism even though the cyclo
hexadiene is unmarked.

(4) W . G. Finnegan and S. Ruven Smith, J. Chromatography, in 
press-

P y r o l y s is  o f  V a r io u s  C y c l o h e x e n e - D e u t e r iu m  M i x 
t u r e s  to  D e t e r m in e  t h e  E f f e c t  o f  D e u t e r iu m  o n  t h e

R a t e  o f  H 2 a n d  HD F o r m a t io n

Partial
A

press. T = 500° Time =  300 sec.
Part ial

Y / '
press. D., Divisions Divisions

cm. cm. h 2 HD

4 . 0 0 19.0 0
4 . 0 4.0 17.0 3.3
4 . 0 12.0 16.2 9.1
4 . 0 20.0 20.1 14.4
4 . 0 32.0 20.3 16.2
4 . 0 40.0 20.9 21.3
4 . 0 48.0 20.6 19.6
4 . 0 48.0 20.6 26.6
4 . 0 56.0 20.1 33.5
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T a b l e  I V

K in e t ic  D a t a  f o r  C y c l o h e x e n e  D e c o m p o s it io n  

All species are reported as moles X 107.

Time, sec. cor. , e .  1J .....
j ĵj(final)

C2II4 u +u ôver-illX 10» fc02lU X 10*
h 1 J X 1

2485 446 529.2 499.5 19.1 6.0 0.23 0.15 0.046
4985 -40 529.2 477.4 35.2 11.2 0.21 ,14 .045
285 477 603.0 574.9 14.2 8.9 1.68 .85 .53
588 477 546.4 497.3 34.7 9.5 1.61 1.13 .31
901 477 590.4 520.3 45.5 19.2 1.41 0.91 .39

1225 477 603.0 500.9 49.0 32.4 1.52 0.73 .48
1785 477 603.0 456.5 96.4 34.0 1 .56 1.03 . 36
1253“ 470 494.0 415.7 1.38
525 500 563.3 416.4 87.8 41.1 5.76 3.44 1.61
705 500 563.3 371.5 113.6 48.8 5.90 3.50 1 .50
287 500 128.3 108.3 10.5 8.4. 5.92 3.08 2.47
588 500 131.0 93.3 21.5 11.2 5.77 3.28 1.71
787 500 122.0 77.3 26.2 13.2 5.80 3.40 1.71

1789 500 125.6 42.0 48.9 21.6 6.13 3.50 1.55
189 500 1388.2 1248.7 99.2 26.3 5.62 4.01 1.06
276“ 500 494.0 415.7 4.97
115 517 575.0 484.6 63.8 19.7 14.88 10.45 3.23
195 517 503.3 437.5 93.2 23.3 12.95 9.67 2.42
295 516 539.8 345.5 130.4 41 .2 15.13 10.06 3.18
135

“ Glass w
535

ool added (-
541.0

-100-fold
352.5

increase in S/V).
130.2 36.1 31.74 22.01 6.10

be equal to twice the rate of HD formation. In 
Table III the effect of various pressures of D2 on 
the rate of formation of H2 and HD from cyclohex
ene is shown to have no effect on the rate of forma
tion of H2, but affects that of IID. The observa
tions are consistent with an intramolecular produc
tion of H2 from cyclohexene and a free radical path 
for the decomposition of cyclohexene, in addition 
to the two intramolecular paths. The free radicals 
abstract D from D 2, and the D atom abstracts Id 
from cyclohexene according to reaction 8. As 
would be expected from this mechanism, the larger

the D 2/  ratio, the larger is the rate of produe-
' \ /  

tion of HD.
The deuterium marking of the methane, ethane, 

propane and butene products (Table II) confirms 
the existence of a free radical path for cyclo
hexene decomposition.

The surface/volume ratio of the reaction vessel 
was increased approximately 100-fold by the addi
tion of Pyrex glass wool. As may be seen in Table 
IV, there is no effect of surface, within experimental 
error, on the over-all decomposition rate of cyclo
hexene.

Benzene undoubtedly is produced from 1,3- 
cyelohexadiene. The calculations of k2 are made 
on the basis that the cyclohexadiene formed in re
action 2 is the sum of the cyclohexadiene and the 
benzene in the products.

Discussion
As previously noted, the energy of activation for 

the two intramolecular processes are the same 
within experimental error. The evidence is con
sistent with a mechanism where the initial step is 
the opening of the cyclohexene ring.

CH2C H =C H CH 2CH2CH2 (9)

If the resonance energy of the allvlic radical is 15- 
20 kcal., then the observed energy of activation 
could correspond to the C-C bond strength of the 
bond broken in reaction 9.

The bi-radical could decompose in two competi
tive paths
c h 2c h = c i i c h 2c h 2c h 2 — >

CH2=CHCH==CH, +  C,H4 (10)
c h 2c h ==c h c h 2c h 2c h 2 — >

c h 2c h = c h c h = c h c h 2 +  H2 (11)

We have shown5 previously that hydrocarbon free 
radicals with a configuration RCHCH2R1 where 
R jR 1 = alkyl group or an H atom, will eliminate 
a molecule of hydrogen at a rate competitive with 
the breaking of a C-G bond. The biradical which 
results from reaction 11 is resonance stabilized at 
each end. It has a spatial configuration such that 
the two methylene groups are very close to each 
other, and they will combine and form 1,3-cyclo- 
hexadiene with over 40 kcal./mole of excess vibra
tional energy. The 1,3-cyclohexadiene has many 
degrees of freedom, so that the excited 1,3-cyclo
hexadiene will have a long half-life and a subsequent 
collision will remove the few kcal. necessary for 
stabilization. Later collisions will drain off the 
rest of the excess vibrational energy. If this is the 
mechanism then the energy of activation of re
action 10 and 11 must be the same within experi
mental error (about 5 kcal.); otherwise reactions 1 
and 2 would not have the same over-all energy of 
activation.

The free radical reaction path is also homo-
(5) A. S, Gordon and S. It. Smith, J. Chem. Phys., in press.
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geneous. From the relatively slow rate of this re
action it must have a high energy of activation for 
the initial process and very short chains. The 
loss of an H atom

should be endothermic about 75 kcal. The cyclo- 
hexenyl radical can open at these temperatures

C H 2= C H C H = C H C H 2C H , (1 3 )

and the resulting linear radical can isomerize itself 
in two ways by intraradical abstraction 
C H o = C H C H = C H C H ,C H o  — >

C H , C C H = O H C H 2C H 3 (1 4 )  

C H , = C H C H = C H C H 2C H o — >

C H 2= C H C = C H C H 2C H 3 (1 5 )

Both the isomerized radicals are resonance stabi
lized. The other canonical form of the isomerized 
radical in reaction 14 is

C H 2= C = C H C H C H 2C H 3 

and this form may lose a methyl radical
c h 2= c = c h c h c h sc h 3 — >

C H :, +  C H , = C = C H C H = C H 2 (1 6 )

The radical formed in reaction 15 can split off an 
ethyl radical
c h , = c h c = c h c h 2c h 3 — >

C H s C H t  +  C H 2C H C = C H  (1 7 )

The five-membered tri-ene that results from re
action 16 is isomeric with cyclopentadiene and could 
be confused with this compound. It is not deute- 
rated (Table II) as would be expected from the pro
posed mechanism. The mechanism for the pro
duction of butenes is complicated by the presence 
of the reactive 1,3-butadiene which may be its 
precursor.

The existence of the cyclohexenyl radical is 
shown by the deuterium marking of the parent 
cyclohexene (Table II) in the products from the 
pyrolysis of mixtures of cyclohexene and D2.

The H atom formed in reaction 12 would abstract 
H from its parent to form more cyclohexenyl 
radical or add to the double bond of its parent to 
form the cyclohexyl radical. We have studied 
the reactions of the cyclohexyl radical6 and it is 
the precursor of methyl, ethyl and allyl radical. 
The allyl radical will form propene at these tem
peratures by abstraction, and it is seen to be marked 
di and i/0 (Table II) in harmony with the above 
mechanism.

The cyclohexane product may be formed by 
cyclohexyl radical.

Our pre-exponential factor and energy of acti
vation for the over-all rate of cyclohexene pyrolysis 
are considerably different from previously reported 
values.2-3 We are not able to account for these 
differences. It is of some interest that Kiichler 
reports an over-all average specific rate constant

(6) A. S. Gordon and S. R. Smith, J. Phys. Chem., in press.

Fig. 1.— Arrhenius plots: •, over-all rate of decomposi
tion of cyclohexene; ■. rate of formation of ethylene from 
cyclohexene; A, rate of formation of cyclohexadiene from 
cyclohexene. Numbers indicate the total number of deter
minations and height of line indicates probable error.

only at 507° of 6.8 X 10-4, in excellent agreement 
with our average value of the specific rate constant 
for the over-all constant of 5.9 X 10~4 at 500°. 
Our analytical technique involved gas chromatog
raphy coupled with mass spectrometry, which has 
advantages over the analytical techniques used 
previously. Our data show that even at the lowest 
percentage decomposition studied (5%  or less 
cyclohexene decomposed), the products of all of 
the three patios were present, and that the rate 
constants for each of the paths did not change ap
preciably with increasing percentage decomposi
tion. The evidence shows clearly that there are 
three concurrent paths of decomposition, rather 
than the one path for ethylene and butadiene 
followed by secondary reactions as the previous 
workers suggest. Rowley and Steiner7 have stud
ied the reverse homogeneous reaction of ethene and 
butadiene to form cyclohexene. This reaction 
cannot be of importance in our system; as noted 
above the specific rate constant for cyclohexene 
decomposition does not show any trend with in
creasing percentage decomposition of the cyclo
hexene.

Determination of the Kinetic Constants of the 
Two Intramolecular Paths.—The cyclohexene con
sumed was determined from the amounts of prod
ucts in the gas chromatography analysis.

(7) D. Rowley and H. Steiner, Disc. Faraday Soc., 10, 198 (1951).
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^ \ /Ì  consumed)
[C2H41 +

r/N

L \ y
-

[CII4) +  2[C2TIf,l +  3[G ,H 6] +  4[butones] +  5
y X -

+  0
0

G

The amount cf cyclohexenc originally placed in the 
pyrolysis flask was determined from the pressure, 
temperature and volume of the pyrolysis flask. 
Since the volume of the flasks was not quite con
stant, the volume of each vessel was determined 
after its contents had been analyzed. The first- 
order decomposition constants are shown in Table
IV. As may be noted, experiments with different

A
initial pressures of show the reaction to be

first order. The effect of added surface is very 
small. Experiments run for different times of 
reaction showed that the products had no profound 
effects on the rate constant. The Arrhenius plot of 
the rate constants for the rate of disappearance of 
cyclohexene is shown in Fig. 1. The probable error 
and the number of observations are also indicated. 
The slope and intercept are calculated from the 
least squares fit of the data, and give k 0 =  7.7 X  1015 
exp( — 67600/7?T sec.-1)- The calculation of the 
rate constants for the two unimolecular intra
molecular reaction paths were calculated from the 
rate of appearance of ethylene and the sum of
A  A
| I and || I. The path producing ethylene, for 

example, can be formulated.

The relation between the amount of cyclohexenc 
present at time t and the original amount of cyclo-

hexene is given by equation 19

exp(— h i )  (19)

Substituting equation 19 in equation 18 and inte
grating

fci = W C2H4)

(1 -  (exp(-fcoO)i

(20)

ki may be calculated readily from equation 20 since 
all the quantities on the right-hand side are de
termined. The first-order constants for formation 
of ethylene and of cyclohexadiene are shown in 
Table IV, and the Arrhenius plots of the rate 
constants in Fig. 1. The specific first-order rate 
constants calculated from the least squares best 
fit of the data are fci =  1.4 X  1017 exp ( —72700/RT) 
sec.-1, and h  =  1.9 X  1016 exp (-71200/H 71) 
sec.-1.

d(C2H4)
dt
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Nuclear magnetic resonance study of poly-(hexamethylene adipamide) containing ethylene glycol, ethyl alcohol, methyl 
alcohol and acetic acid, has been done with the object to observe the effect of liquid contents on the molecular motion in 
the polymer. Two main transitions have been observed for the soaked samples: one about at 160°K. and the other at 
about 270°K. For dry specimen the main transition appears at about 350°K. A shift in the transition temperature, for 
the soaked sample, has been observed which varies with the samples. The second moment for the dry specimen is lower 
than the second moment for the soaked samples, below the first transition temperature. The transition at about 260°K. 
may be attributed to the segmental motion of methylene groups and adjacent non-bonded amide groups. This is due 
to glass transition for the soaked samples but not for the dry specimen of Nylon 66. Transition at 260°K. may be due to 
segmental motion of a small number of CH2 groups in between amide groups, in the amorphous regions. Acetic acid is 
comparatively more active for this disruption in Nylon than ethylene glycol; it therefore causes a greater shift in transition 
temperature.

Introduction
Experiments on polyhexamethylene adipamide 

containing ethylene gljmol, ethyl alcohol, methyl 
alcohol and acetic acid have been done to observe 
the effect of liquid contents on the molecular motion 
in the polymer. The results obtained by n.m.r.

(1) Max Planck Institute for Physikalische Chemie, Goettingen.

experiments have been verified by experiments on 
dynamic mechanical properties of the same samples, 
so that the results may be more conclusive.

Experiments on nuclear magnetic resonance with 
nylon samples have been done by several other 
workers.2-4 In the present work a more detailed

(2) R. E. Glick, R. P. Gupta, J. A. Sauer and A. E. Woodward,
J. Polymer Sci., 42, 273 (1960).
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Temp., °K.
Fig. 1.— Nylon 66 soaked in some organic liquids.

study has been made of the influence of liquid con
tents on molecular motion in nylon. Some work
ers5-8 have studied the dynamic mechanical 
properties of nylons, and with particular interest 
Woodward5 has studied the nylon samples contain
ing water or methyl alcohol. The present work 
on dynamic mechanical observations with nylon 
specimens containing several other liquids is an 
extension of the work done by Woodward. It is 
stressed that it has proven easier to detect the 
molecular motions in some cases by the dynamic 
mechanical method because of the suitability of the 
frequency range. Comparing dynamic mechanical 
results with those of n.m.r., one is expected to 
get a more nearly correct picture of the process re-

(3) W. P. Sliehter, J. Appl. Phys., 26, 1099 (1955).
(4) A. E. Woodward, J. A. Sauer, R. E. Glick and R. P. Gupta, 

J. Polymer Sci., 45, 367 (1960).
(5) A. E. Woodward, J. M. Crissman and J. A. Sauer, ibid., 44, 23 

(1960).
(6) H. W. Starkweather, Jr., J. Appl. Polymer Sci., 2, 129 (1959).
(7) K. Schmieder and K. Wolf, K o llo id -Z 134, 149 (1953).
(8) A. E. Woodward, J. A. Sauer, C. W. Deeley and D. E. Kline, 

J. Colloid Sci., 12, 363 (1957).

sponsible for different transitions connected with 
various kinds of molecular motions.

Experimental
N.m.r. experiment has been done with a dual purpose 

Varian model 40 me. spectrometer, with a 12" electromagnet 
and a variable temperature probe. To avoid any modula
tion broadening of the line width the modulation field was 
monitored from time to time so that the modulation field 
could be maintained lower than the natural line width of 
the sample at that temperature. Correction for the in
crease in second moment due to the modulation field has 
been done bjr the method of Andrew.9 Line widths and 
second moments have been determined from the derivative 
line shape as usual.

To confirm the results and conclusions achieved by n.m.r. 
experiment, a side by side study of the dynamic mechanical 
properties of these samples was done. Dynamic mechanical 
observations were taken on the transverse beam apparatus 
of Kline,10 which has been mentioned elsewhere. The 
sample in the form of a rod was suspended by threads inside 
a dewar which was covered with a brass plate. Lead balls 
were kept inside the dewar to maintain a low temperature 
gradient. It was necessary to keep the temperature of the 
sample, along its whole length, the same. The flow of

(9) E. R. Andrew, Phys. Rev., 91, 425 (1953).
(10) D. E. Kline, J. Polymer Sci., 22, 449 (1956).
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Temp., °K.
Fig. 2.— Nylon G6 soaked in some organic liquids.

current inside a hot plate, in the dewar, could be monitored 
to attain a desired temperature. The low temperature 
runs were made by allowing the temperature to drift up 
from liquid nitrogen temperature. For high temperature 
runs as mentioned above current was passed through the 
plate which heated the lead balls. The radiation of heat 
from the balls warmed up the surrounding air and, thereby, 
the sample temperature was raised up.

The sample of Nylon 66 for this experiment was obtained 
from the Polycheraicals Department, du Pont. Company. 
Several pieces of nylon were cut and dried in  vacuo  for several 
days, until the weight reduced to a constant value. Then 
they were put in ethylene glycol, ethyl alcohol, methyl 
alcohol and acetic acid, one piece in each liquid. The 
nylon sample was allowed to soak in this liquid for about 15 
days, at a suitable temperature depending on the chemical 
activity of that liquid on nylon.

The various samples for this experiment have been: 
7.5%  ethylene glycol-soaked nylon 66, 8.3% ethyl alcohol- 
soaked nylon 66, 8%  methyl alcohol-soaked nylon 66, 8.1%  
acetic acid-soaked nylon 66 and dry nylon 66. The weight 
of the sample has been determined always at room tem
perature, for which the sample was cooled to room tempera
ture and then the weight was taken. The compositions men
tioned above are quoted in weight per cent.

Results and Discussion
In Fig. 1, peak to peak width for n.m.r. narrow 

line has been plotted against temperature. It is 
found that the transitions for the soaked specimens 
appear between 160 and 180°K. There is another 
transition between 250 and 280°K., which is clear 
in the second moment plot but it does not appear 
in the line width plot. The reason for this is that 
the line width plot is peak to peak for narrow line 
and at the first transition itself the line becomes ex
tremely narrow. The second transition, which is 
attributed to motion in crystalline region and does 
not vary the width for the narrow line, would prob
ably affect the width for a broad line, and a drop in 
broad line width would occur at that transition 
temperature. Observations have been taken only 
up to about room temperature, because heating of 
the sample would vary the liquid content and the 
result will not be in the same condition throughout. 
This could lead to an inconclusive result. The 
liquids soaked in the polymer will solidify when

cooled, and the line shape attributed to these liquids 
or solids, as the case may be, may affect the total 
line-shape. But the contribution to the second 
moment due to these soaked liquids is little and can 
be neglected, moreover, this could not cause a 
shift in the transition temperature. The transi
tion in line width narrowing could be affected due 
to melting of the liquids, but in our case the tran
sition temperatures do not lie in the region of the 
melting temperatures of the liquids and therefore 
we can neglect this effect and conclude that the 
narrow line transition, observed here, is not due 
to melting of the liquids in the polymer but to 
other processes as mentioned later. In Fig. 2a 
second moment has been shown against tempera
ture. The transition is in the same range as in the 
case of line width plot, but there is another tran
sition which appears in this plot but not in line 
width plot as mentioned above. For the dry 
sample of nylon 66 the main transition appears 
between 300 and 350°K. In general two transi
tions have been observed for these samples. The 
first transition may be attributed due to segmental 
motion of a small number of CH2 groups in be
tween amide groups in the amorphous regions. The 
second transition is presumably on account of seg
mental motion involving cooperation of methylene 
groups and adjacent bonded amide groups. The 
presence of this transition could be due to glass 
transition, but it is not for dry specimen. The 
corresponding transition in dry material appears 
at a higher temperature.

Another feature of these observations is that the 
value of second moment for the soaked specimen 
is somewhat higher than the second moment value 
for the dry specimen, below the first transition 
temperature. This is because the density of pro
tons is higher for the soaked specimens than for the 
dry sample. This process has been discussed 
in detail by Starkweather and Woodward.

It is further observed that there is some shift in
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the transition temperature, toward lower tempera- 
tures in the order as mentioned here: for ethyl 
alcohol the transition has shifted for only about 5° 
toward lower temperature side, with respect to 
ethylene glycol and for methyl alcohol it has 
shifted further by about 10°. A further shift of 
about 10°K. is observed for acetic acid soaked 
specimen. The content of the liquids in nylon 66 
varies a little bit but this may not be the only 
reason to cause this shift in transition tempera
ture amongst themselves. The shift in transition 
temperature is due to two reasons: one is that the 
per cent, content of the liquids varies from sample 
to sample, though this variation is not much. 
The other reason is that acetic acid is more chemi
cally active compared with ethylene glycol or 
ethyl alcohol on a nylon sample; therefore it causes 
a greater lowering of the transition temperature.

Dynamic mechanical observations show a simi
lar shift in transition temperature for the soaked 
samples as shown in Fig. 3-5 (the plots for damping 
versus temperature for ethylene glycol soaked 
sample, ethyl alcohol soaked sample and acetic 
acid soaked sample). The frequency used for the 
above measurements has been varied in a range of 
2500 to 500 c.p.s. between liquid nitrogen and room 
temperatures, for these samples. Dynamic me
chanical results tally, reasonably, with n.m.r. results. 
In case of ethyl alcohol soaked sample we get a 
peak at about 280°K. which is probably due to 
motion in crystallites and corresponds to the second 
peak in n.m.r. The corresponding peak for dry 
material appears at 365°K. For methyl alcohol 
soaked sample only one peak has been reported by 
Woodward. Acetic acid soaked nylon sample 
shows three peaks. The first and second peaks cor
respond to the peaks detected by n.m.r. The 
third peak may be due to incomplete saturation of 
njdon with acetic acid. This could cause the 
motion in crystallites in two phases and at two 
different temperatures. The peaks detected lay 
the dynamic mechanical method in the case of the 
drj  ̂ sample correspond to n.m.r. peaks. There has 
been a good agreement between dynamic mechani
cal and n.m.r. results, but there are some differences 
which arise mainly because the frequencies used in 
the two methods are quite different.

To explain the process one may say that the 
liquids affect the amorphous regions principally, 
in a partially crystalline polymer and lower the 
amorphous region transition due to disruption of 
interchain bonding forces and lead to greater chain 
rigidity below this transition temperature. The 
liquid molecules may move between amide and 
methylene groups and break the hydrogen bonds 
in the amorphous regions. This tends to keep 
the hydrocarbon portion of adjacent chains sepa
rated and leads to a better packing of these por
tions. This may be the reason for the higher second 
moment for soaked specimens than for dry ones, 
before the first transition temperature. The tran
sition at about 260°K. could be attributed to the 
segmental motion of methylene groups and adja
cent non-bonded amide groups. This is due to 
glass transition but not for the dry material. 
For dry material the same transition appears at

Fig. 3.— Nylon 66 containing ethylene glycol.

Temp., °K.
Fig. 4.— Nylon 66 containing ethyl alcohol.

Fig. 5.— Nj-lon 66 containing acetic acid.

about 350°K. Transition at about 170°K. is due to 
segmental motion of a small number of CFL groups 
in between amide groups, in the amorphous region. 
Addition of liquid acts to decrease this CFL group 
motion. It could be due to interference of liquid 
molecules with moving hydrocarbon segments.
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Acetic acid being more active for this disruption in 
nylon, compared with ethylene glycol, therefore, it 
causes a greater shift in the transition temperature.
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PHOSPHINE OXIDE-HALOGEN COMPLEXES: EFFECT ON P -0 AND P-S
STRETCHING FREQUENCIES1

By R alph A. Zingaro and R ichard M. Hedges

Department o f Chemistry o f the A g ricu ltu ra l and Mechanical College o f Texas, College Station, Texas
Received December 12, I960

The P -0  or P-S stretching frequency of a free phosphine oxide or sulfide molecule shifts to a lower frequency on halogen 
complexing. This shift indicates that such interaction occurs through the oxygen atom. The factors which affect the P-0 
band are discussed and an empirical correlation relating the steric and polar substituent constants to the location of this 
band is presented.

Introduction
As part of an over-all study involving molecular 

complex formation between phosphine oxides, 
sulfides or selerides and halogens or interhalogens, 
we have examined the effect of such interaction 
upon the P -0  and P-S stretching frequencies. 
In these donor molecules, interaction must occur 
through the oxygen, sulfur or selenium atom, al
though the possibility of interaction involving 
aromatic substituents must also be considered in 
the arylsubstituted compounds. Reported and 
discussed are the results observed for a series of 
seven phosphine oxides and four phosphine sul
fides. The P-Se stretching frequency is beyond the 
range of rock salt and the effect of halogen complex
ing on this vibration is not presently reported. 
Plans are being made for such investigation.

Although molecular complex formation involving 
the halogens has been the subject of considerable 
study during the past decade, to the best of our 
knowledge, these represent the initial observations 
involving phosphine oxides as donor molecules. 
Tsubomura and Kliegman2 have carried out an 
ultraviolet study of the iodine-tri-n-butyl phos
phate system and have speculated on the donor 
properties of the P -0  groups as compared with the 
R -0  groups in alkyl phosphates. The absence of 
R -0  groups in the phosphine oxides eliminates 
this difficulty. Sheldon and Tyree3 and Cotton 
and co-workers4 have investigated the effects of 
metal ion coordination on the P -0  stretching 
frequencies of the trimethyl- and triphenyl- deriv
atives in the solid state.

Experimental
Phosphine Oxides and Sulfides.—Tri-ra-octylphosphine 

oxide (TOPO) of high purity was used and its purification is 
described elsewhere.5 A sample of tri-2-ethylhexylphos-

(1) Presented at the Southwest Regional Meeting of the American 
Chemical Society, Oklahoma City, Oklahoma, December 1, 1960.

(2) H. Tsubomura and J. Kliegman, J. Am. Chem. Soc., 82, 1314 
(1960).

(3) J. C. Sheldon and S. Y. Tyree, ibid., 80, 4775 (1958).
(4) F. A. Cotton, R. D. Barnes and E. Bannister, J. Chem. Soc., 

2199 (1960).
(5) R. A. Zingaro and J. C. White, J. Inorg. Nucl. Chem., 12, 315

(1960).

phine oxide was furnished by the Oak Ridge National Lab
oratory. Its purification paralleled that for TOPO. 
The material used had a refractive index of 1.4643 at 20°. 
All of the other phosphine oxides and phosphine sulfides 
were prepared in this Laboratory. Every sample was re- 
cryst.allized to a constant melting point and checked by 
analysis. The preparative techniques employed and the 
physical constants of the compounds used are described else
where.6

Halogens and Interhalogens.— The preparation and/or 
purification of all of the halogens and halogenoids is de
scribed elsewhere.7 Solutions of these compounds were 
prepared by dissolving weighed amounts in appropriate 
volumes of solvent. The solvents were of spectral grade 
and were dried and redistilled before use.

Attempts to prepare fairly concentrated (~ 1  M )  solu
tions of either iodine monochloride or iodine monobromide in 
carbon disulfide led to unexpected results. The solution 
warmed rapidly and after a few seconds reacted most vigor
ously, in fact, almost violently, the contents of the flask 
being very widely scattered. The formation of either sul- 
furyl chloride or sulfuryl bromide, as reaction products, 
was noted. Inasmuch as iodine monochloride is described 
in standard reference books as being soluble in carbon di
sulfide,8 it appears that this is true only within certain limits 
of concentration. Due to the force of the reaction and the 
toxicity of the reaction products, this observation seemed 
worthy of note. Consequently it was necessary to prepare 
solutions of these interhalogens in carbon tetrachloride. 
While this was undesirable, due to infrared absorption of this 
solvent, it was nevertheless unavoidable.

Measurement of Spectra.— All measurements were made 
on a Beckman IR-4 instrument. The instrument was cali
brated by means of standard polystyrene sample before each 
run. Single beam scanning of all solutions was carried out, 
whenever possible, using comparable slit widths for a given 
series so that relative intensities could be compared.

A number ot experimental difficulties were encountered 
which made observations impossible in some cases or which 
reduced the value of some observations. The strong absorp
tion of carbon tetrachloride and chloroform at about 1220 
cm.“ 1 overlaps the P-O band in the case of triphenylphos- 
phine oxide and the intense absorption of these solvents in 
the 720-800 cm .“ 1 region interfered in the case of measure
ments of the phosphine sulfides since this is the region ot the 
P-S stretching vibration. In a few cases, the phosphine 
oxide or sulfide was insoluble in carbon disulfide and similar 
difficulties were presented due to solvent interference. These

(6 ) C . G . S cre tta s , M a s te r 's  T h e s is , A g r ic u ltu r a l a n d  M e c h a n ic a l  
C o l le g e  o f  T e x a s , 1960 , t o  b e  p u b lis h e d .

(7 ) R .  A .  Z in g a r o  a n d  W . B . W it m e r ,  J. Phys. Chem., 6 4 , 1705 
(1 9 6 0 ).

(8 ) E.g., " H a n d b o o k  o f  C h e m is tr y  a n d  P h y s ic s ,”  C h e m ica l R u b b e r  
P u b l is h in g  C o . ,  C le v e la n d , O h io , 1957—1958 e d it io n , p .  537 , a n d  o th e r  
s ta n d a rd  re fe re n c e  w o rk s .
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T a b l e  I
E f f e c t  o f  H a l o g e n  C o m p l e x in g  o n  P - 0  a n d  P -S  St r e t c h in g  F r e q u e n c y  in  P h o s p h in e  O x id e s  a n d

P h o s p h in e  Su l f id e s

Unbonded, v (cm .-1) -------------------------------- Bonded,« v (cm .-1)------------------
Derivative Physical state P -0  P-S L — Av IB r - A i ICI - A i Br2 — Av

1. Tri-ra-butvl Soin., CS2 1109 1118 5: 1108 61 1104 65 1128 41
2. Tri-re-octyl Soin., c s 2 1101 1115'' 46 11276 34

Soin., CC14 1169 11046 65 1104'' 05
Solid 1144

3. Tri-2-c thy lhexy 1 Soin., c s 2 n os \ , , ,  ,
1164 /  d° ubl0t 1153 54

11
Soin., CS2-CCl4 Unchanged 11346 64 11291’ 69 c

4. Tricyclohexyl Soin., c s 2 1143 1095 48
Soin., CS2-CC14 Unchanged 1081* 62 1070^ 73 1101'' 21

5. Dicyclohexylphenyl Soin., c s 2 1176 1139 38 1145 34
Soin., CS2-CC14 Unchanged 1132 45 1130 46

6. Diphcnylcyclohexyl Soin., CS2 1196 1158 38 1164<i 32
Soin., CS2-CC14 Unchanged 1145 51 1142 54

7. Triphenyl Soin., CS, 1206 1100“ 43
Satd. I2 ,Í 1160“ 43
Splits 1[ 1210 -1 0

Soin., CC14 (1217?/ 1151 43 1147 47 1142 52 1162 32
Solid 1193 \ , . . .  

1188 /  d° ublet
8. Dicyclohexylphenyl Soin., c s 2 755" 751 4 C C C

695s 686 9
9. Tricyclohexyl Soin., c s 2 719 713 0 c c C

10. Trimethyl Soin., CHCb-CCL, 713 698 15 692 21 c h

Solid 713
11. Triphenyl Soin., CS, 712 702 10 698 14 697 15 h

° Halogen/phosphine oxide (sulfide) ratio is unity unless otherwise indicated. 1 Broad band; unless indicated there is 
little change in the shape of the band. c Sepn. of insoluble phase with insufficient concn. of soluble complex remaining 
in solution to permit measurement. Sepn. of insoluble phase, but sufficient concn. remains to permit measurement. 
* Intensity of band diminished. /  Uncertain due to solvent absorption. g Assignment of P-S band indefinite (see Dis
cussion). h Rapid chemical reaction.

difficulties could be largely overcome by the use of double 
beam observations with pure solvent in the reference beam, 
or by comparison with the spectrum of the same compound 
in carbon disulfide or in the solid state. However, band 
shifts are not strictly comparable under varying solvent en
vironment.

In the case of bromine, rapid chemical reaction took place 
in some cases, especially with the phosphine sulfides, thus 
obviating any measurements. Crystalline products which 
were formed have been isolated and are being studied. The 
addition of iodine monochloride or iodine monobromide, at 
relatively high concentrations (c a . 1:1 phosphine oxide- 
halogen molar ratio) sometimes resulted in the separation of 
a dense, immiscible layer. When this happened, only the 
more dilute solutions, or the homogeneous less dense bulk 
liquid phase could be studied.

Thus, it was not possible, in all cases, to make significant 
comparisons of intensity changes. A clearly defined quali
tative study of the band shift was, however, made in all 
cases.

Results
Although the P -0  stretching vibration has been 

studied in a large number of organophosphorous 
compounds, the vast majority have been esters in 
which the organic substituent is linked to the phos
phorus via an oxygen atom. Gore,9 applying 
Gordy’s rule, calculated frequencies in the range 
of 1100-1300 cm.-1 and 550-750 cm.-1, respec
tively, as the regions for the location of the P -0  
and P-S stretching frequencies. Daasch and 
Smith10 reported values of 1190 and 1176 cm.-1 for 
the P -0  frequency in triphenyl- and trimethyl- 
phosphine oxides, respectively.

(9) R. C. Gore, Disc. Faraday Soc., 9, 138 (1950).
(10) L. W. Daasch and D. C. Smith, Anal. Chem., 23, 853 (1951).

Fig. 1.— P -0  stretching frequency of triphenylphosphine 
oxide: a, TPPO, triphenylphosphine oxide, solid; b, same 
as (a), 50% satd. in Cs2; c, same as (b), +  ca . equal concn. 
I2; d, same as (b), satd. with I2.
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?, cm.
Fig. 2.— a, Tri-re-1 aitylphosphine oxide in CS->, 0.29 M ;  

+  equal concentration of: b, Br2; c, 1»; d, IBr; e, IC1.

Iii Table I are reported the observed P -0  and 
P-S frequencies for the seven phosphine oxides and 
four phosphine sulfides which were the subject of 
this investigation. The P -0  vibration is located

in the region from 1140-1200 c m v 1. There is a 
change in the location of this band in different sol
vents and in different physical states, e .g . ,  com
pounds 2 and 7. The band is clearly resolved into 
a doublet in the case of the triphenyl- compound, 
Pig. 1, and is a well defined doublet also in the case 
of the tris-(2-ethylhcxyl) derivative. In all cases 
the band is strong and easily characterized.

The addition of a halogen, or interhalogen, 
brings about a shift in the P -0  band to a frequency 
up to 73 c m v 1 lower than that observed for the 
free molecule. Invariably (Table I) the change in 
the P -0  frequency is directly related to the polarity 
of the acceptor molecule being greatest for IC1 
and following the sequence ICI >  IBr >  I2 > Br2. 
The interaction with iodine always brings about a 
greater shift than does that with bromine. In 
Fig. 2 this trend, observed for all of the com
pounds investigated, is clearly demonstrated. The 
removal of iodine by contacting the solution with 
aqueous thiosulfate resulted in restoration of the 
original band.

In the case of triphenylphosphine oxide, at high 
iodine concentrations (Pig. 1 and Table I), the 
original P -0  band is split into two new bands, one 
corresponding to the shifted band characteristic of 
the halogen solution and a new, very strong band at 
a frequency higher than that observed for the 
free molecule. Triphenylphosphine oxide in carbon 
disulfide is characterized by a P -0  band at. 1206 
cm.-1. Upon the addition of an approximately 
equal concentration of iodine this band is diminished 
in intensity and a bonded P -0  band appears at 
11(50 cm.-1. When this solution is saturated with 
iodine, in addition to the shifted P -0  band there is 
observed the concurrent appearance of a strong new 
band at 121.6 cm.-1. This behavior was observed 
only for the triphenyl- compound.

In many cases, the addition of Br2, IBr, or ICI 
in equimolecular concentrations brought about the 
separation of an insoluble liquid phase. The values 
reported are based on measurements made on the 
bulk supernatant solution. When this solution 
was contacted with thiosulfate the original P -0  
band reappeared, but it was diminished in intensity, 
indicating that some of the original compound 
had separated out into the immiscible heavy 
phase.11

The phosphine sulfide studies were not as in
formative because of a number of complicating 
factors. Bromine reacted rapidly and irreversibly 
with all of the phosphine sulfides investigated. 
Also, the P-S frequency is weaker and much more 
poorly characterized than the P -0  frequency and 
it is more difficult to assign because of the presence 
of other strong bands in this region.

The shift in the P-S band toward lower frequen
cies upon the addition of iodine is noted in all cases, 
but it is proportionally not as large as that observed 
for the P -0  band. In the case of triphenylphos
phine sulfide the shift for the entire sequence I2 
to IBr to ICI is observed and this follows the same 
order us is that noted for the oxides.

(11) Some of these oils have been crystallizing and these solids are 
currently being studied.
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Discussion
Bellamy12 has discussed the frequent occurrence 

of the P -0  band as a doublet and suggested that 
this doublet character is associated with the P -0  
vibration itself. The P -0  band is clearly resolved 
as a doublet (Fig. 1) in the case of triphenylphos- 
phine oxide (TPPO) when this compound is ex
amined as a solid and a similar observation is made 
in the case of the tris-(2-ethylhexyl) compound. 
The doublet nature of the P -0  stretch in TPPO 
has not been noted in some previous observa
tions,4’13 but it has been pointed out by Sheldon 
and Tyree.3 This doublet character has im
portance in this work especially in view of the large 
splitting of this band noted at high iodine:TPPO 
concentrations. The occurrence of the P -0  doub
let for at least two of the phosphine oxides clearly 
indicates that the splitting is associated with the 
P -0  vibration itself and points out the importance 
of searching out this splitting, especially in the 
examination of crystalline solids. While this in
vestigation by no means settles the question of the 
origin of this doublet, a reasonable explanation for 
the splitting to a higher and lower frequency 
at high iodine concentration will be given.

The general assignments for the P-C and P-S 
stretching vibrations in Table I are based upon the 
following considerations: (1) actual location of the 
band; (2) comparison with previous observations, 
e.g., TPPO; (3) the presence or absence of the 
band in pairs of compounds which would otherwise 
be identical except for the sulfur or oxygen atom, 
e.g., the band at 713 c m . '1 in the spectrum of tri- 
methylphosphine sulfide is not present in the spec
trum of trimethylphosphine oxide; and (4) the 
reversible shift in the location of the band on the 
addition of iodine. The last criterion was restricted 
to iodine interaction since no difficulties were ex
perienced with respect to chemical reactions.

The suggested assignments for the P -0  and P-S 
frequencies, based on the criteria discussed are con
sidered to be quite reliable. There is some question 
about assignment of the P-S stretching frequency 
for dicyclohexylphenylphosphine sulfide. In this 
case (Fig. 3) there occurs a shift in the 755 c m .'1 
band upon the addition of iodine, but the phosphine 
oxide also absorbs strongly in this region. In the 
695-700 cm.-1 also, both molecules absorb strongly. 
The sulfide possesses an obvious shoulder super
imposed upon the latter band, which may be ob
scured in the case of the oxides. Addition of 
iodine brings about an increase in the intensity of 
the shorter wave length absorption and a much 
more profound change in the 755 c m .'1 band. 
There seems to be no clear-cut evidence for making 
a definite assignment of the P-S band in this 
molecule on the basis of these experiments, but the 
695 c m .'1 location is more likely.

A straightforward treatment of the data, using 
published values14 for Taft’s a* and Es values for

(12) L. J. Bellamy, “ The Infrared Spectra of Complex Molecules,” 
John Wiley and Sons, Inc., New York, N. Y., t>. 314.

(13) M. Halmann and S. Pinchas, J. Cham. Soc., 32G4 (1958).
(14) “ Steric Effects in Organic Chemistry,”  edited by M. S. New

man, John Wiley and Sons, Inc., New York, N. Y., 1956. Equation 1 
was based on the following ten phosphine oxides: a, trichloro; b, 
dichloropheny':; c, diphenylchlorc; d, triphenyl; e, diphenyleyclo-

Fig. 3.— a, Dicyclohexylphenylphosphine sulfide, half 
satd. in CS.; b, +0.1 M  _2; c, sat-d. with I2; d, dicyclo- 
hexylphenylphosphine oxide, half satd. The left-hand 
ordinate corresponds to the transmission of the sulfide and 
the right to that of the oxide.

the various phosphorus substituents show that 
the location of the P -0  vibration for 10 phosphine 
oxides in carbon disulfide solution is expressed with 
a correlation coefficient of 0.993 by the empirical 
relationship

?r-o =  1172 +  13.86 2a* +  4.11 2E .  (1)
Bell and co-workers16 ceveloped a linear correlation 
between the phosphoryl absorption and phos
phorus atom substituents which has the form

The term X  is called the “ phosphoryl absorption 
shift constant”  and it is directly related to the 
electronegativity of the substituent group. We 
have calculated the frequencies for the phosphine 
oxides which were the subject of this study using 
equations 1 and 2. In the latter case, Bell’s 
“ phosphoryl absorption shift constants” were used,
hexyl; f, dicyclo hexyl phenyl; g, tricyclo hexyl; h, trimethyl: i,
tributyl; j, tri-?z-octyl. The first three values were taken from ref. 10. 
The values were taken from Table VI of ref. 14 and are for the R 
group based on the hydrolysis of aliphatic RCOOIl' compounds. The 
polar substituent constants, cr*, -were taken from Table X II of the 
same source, with the exception of the Cl value which was selected from 
Table X lb  of ref. 14. An value for Cl of 0 was assumed, based on 
its size relative to that of a methyl group, since tabulated values were 
not found except for aromatic compounds. The equation 1 was ob
tained by a least squares treatment of the data. It was found that 
the use of the single parameter, 2a* or 2 fis, or the addition of a third 
parameter, 27 *A’S gave equations which demonstrated decidedly 
poorer correlations.

(15) J. V. Bell, J. Heisler. H. Tannenbaum and J. Goldenson, J. 
Am. Chem. Soc., 76, 5185 (U54).
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P, obsd.
Fig. 4.— Correlation of P-O stretching frequencies calcu

lated by use of eq. 1 with experimentally observed values. 
The letters correspond to the compounds listed in footnote 
14.

but these were available for only four of the com
pounds. Comparison, on a wave number scale, 
shows that the average deviation using equation 
1 is ± 5  cm A1, with a maximum deviation of 9 
cm.-1 in one case. Equation 2 gives an average 
deviation of +50  cm.-1, with absolute deviations 
of 59 and 96 cm.-1 in two out of the total of four 
compounds. In Fig. 4 is shown the correlation 
between the observed values and those calculated 
by the use of equation 1. The relatively poor 
agreement obtained using Bell’s constants is not 
surprising since they are derived from trihalide 
derivatives for which electronegativity effects ap
pear to be the uniquely determining factors. In 
the case of the organic substituents, there is a 
smaller change in the relative electronegativities 
and it is apparent that the inclusion of a second 
parameter which allows for steric factors, greatly 
improves the correlation. This type of correlation 
will be extended to cover a much larger number of 
phosphine oxides as soon as more data is compiled.

The existence of stable, modified tetrahedral 
forms has been suggested16 as a possible cause of 
the doublet phosphoryl absorption in the case 
of triaromatic esters. Recently, Goubeau and 
Berger16 have demonstrated the existence of inter- 
molecular association between gaseous trimethyl- 
phosphine oxide molecules and have explained the 
multiplicity of the P -0  frequency on the basis of 
equilibrium among these various intcrmoleeular 
species. They observed a doublet for the solid 
(1160 and 1180 cm.-1) and suggested molecular 
interaction of the type

+ /0 \ +Mc3P< )PMe,
XK

A similar explanation may be offered in the case of 
solid triphcnylphosphine oxide, but due to the

(16) J. Goubeau and W. Berger, Z. anorg. allgem. Chem., 304, 147 
(1960).

electron withdrawing power of the three phenyl 
groups, structures of the type X 3P = 0  are probably 
more important in the triphenyl compound than

+ —
would be those of the type X 3P —► O. It is sug
gested, therefore, that intermolecular forces are 
due to the interaction of the aromatic rings with 
phosphoryl groups of adjacent molecules rather 
than as a result of the association of the phosphoryl 
groups themselves. The donor properties of 
aromatic systems are well known. The clearly 
defined doublet observed in the region of the P -0  
stretch for the tri-(2-ethylhexyl) derivative persists 
even in solution. That the multiplicity of the 
P -0  bond is due to intermolecular association 
via the P -0  groups is quite unlikely due to very 
large steric effects. Consideration of a Fisher- 
Taylor-Hirschfelder molecular model shows quite 
clearly that in order to maintain a stable tetra
hedral configuration in this molecule, at least two 
of the branched ethyl groups will have to be 
in almost direct contact with the phosphoryl oxy
gen. Rotation of the 2-ethylhexyl groups in such 
a manner as to eliminate the P -0  interaction 
results in the mutual interaction of the alkyl 
groups with each other. This latter effect may 
give rise to a stable, but distorted tetrahedral 
geometry, as suggested by Bell, et al.15 The exist
ence of an equilibrium between molecules with 
a normal tetrahedral configuration (intramolecular 
P -0  bonding) and those with a distorted tetra
hedral configuration (unbonded P-O) would give 
rise to the two P-O frequencies.

The actual shift of the P-O band to lower fre
quencies on halogen complexing demonstrates that 
coordination with halogen molecules takes place 
through the phosphoryl oxygen. The direction 
of this shift reflects a decrease in P-O bond order. 
Without making any assumptions concerning the 
geometry of the phosphine oxide-halogen com
plexes, and assuming that a 1:1 complex17 is formed, 
it is reasonable to assume that the simplest model 
is represented by a donor-acceptor interaction 
involving a drift of electrons from the phosphoryl 
oxygen toward the electronegative halogen. This 
would result in a net decrease in P-O bond order 
due to a decrease in oxygen to phosphorus piro —*• 
d7rp back-bonding. Some of the more important 
contributing structures are described by the con
figurations

(I) R3P — ^  6': :X : X : and (II) R3P — O : X : :X : 18

The degree of p7ro —► dirp back-bonding decreases 
in the sequence I2, IBr, IC1 due to the increasing 
importance of structure (II) with increasing elec
tronegativity of X  in the I -X  series of interhalo- 
gens. This partially explains the observed se-

(17) Based on ultraviolet studies in progress in this Laboratory in 
connection witli equilibria in these solutions. Continuous variation 
curves show 1:1 complex formation. The results of these studies will 
be published.

(18) There is no chemical evidence for ionization of the type (Rs- 
POX) + 4* X  as is noted in pyridine-halogen solutions; c/., chloro
form solutions containing pyridine and a halogen react with silver salts 
to precipitate silver halide, but no silver halide precipitation was ob
served under similar conditions when phosphine oxides are substituted 
for pyridine.
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quence in the shift of the P -0  band. Although 
there is noted an increase in band intensity con
current with the size of the band shift with in
creasing polarity of the interhalogen, there exists 
no absolute basis for comparison of intensities 
since this may be a simple case of equilibrium which 
results in a higher concentration of the complex 
and thus a stronger intensity in the shifted band.

The change in the phosphoryl frequency, in 
every case, is smallest for bromine interaction. 
The reason for the relatively weak bromine inter
action may lie in the weak polarizability of bromine 
compared with iodine. As a first approximation, 
using a purely electrostatic approach, the forma
tion of the phosphine oxide-halogen complex 
involves the interaction of the dipole, Mp—5, 
with the dipole, fii-**, the latter being induced 
upon the halogen by the field of the phosphine 
oxide. The energy of this dipole interaction is 
proportional to the polarizability of the halogen 
molecule. Iodine, whose polarizability is con
siderably greater than that of bromine, thus 
acquires a much greater induced dipole and the 
resultant dipole-dipole interaction leads to a 
lower energy state and a more stable complex. 
This is an additional factor which must be con
sidered to account for the stronger interaction with 
the interhalogens.

At high (I2) : (TPPO) ratios, the appearance of 
a new, intense band at a frequency higher than that 
observed for unbonded P -0  along with the bonded 
P -0  at a lower frequency may be attributed to a 
secondary equilibrium19 involving complexing via 
the aromatic substituents. If the aromatic groups 
act as electron donors toward iodine, there will 
result additional withdrawal of electrons away 
from the phosphorus atom. The resultant in
crease in positive charge on the phosphorus atom 
enhances pro —► d?rp back-bonding with increased 
bond order and an increase in the P -0  frequency. 
Thus, if we consider the equilibrium, A'a, involving 
P -0  bonded complexes (decreased P -0  frequency) 
and a secondary equilibrium, K b, involving bonding 
between the halogen and the phenyl groups (in
creased P -0  frequency); if K:l»  Kh, the secondary 
equilibrium will become important at high molar 
ratios.20

There is no question that a given phosphine 
sulfide forms a more stable complex21 than the cor

(19) This is corroborated by ultraviolet studies.11-17 The usual “ blue 
shift”  is noted with the uncomplexed iodine band at 510 m/x shifted 
to 363 m/x. As the T P P O :(l2) ratio is increased, the 363 m/x also 
disappears and the solution eventually shows an ultraviolet cut-off 
at 285 m/x and no remaining visible or ultraviolet peaks.

(20) One of the reviewers wondered about the occurrence of a similar 
effect in the dicyclohexylphenyl and cyclohexyldiphenyl compounds.
The present studies indicate only that a secondary equilibrium in
volving bonding via the phenyl groups is not observed for these com
pounds in the range of concentrations studied. This by no means 
implies that such interaction does not, or may not occur. It does 
suggest that the presence of one, or two, cyclohexyl groups on the 
phosphorus atom neutralizes the electron withdrawing effect of the 
phenyl groups to such a degree that the donor capabilities of the phos
phoryl group are not greatly impaired. This suggests that Ka/Kh 
(vide supra) is much larger for the cyclohexyl containing compounds 
than for the triphenyl derivative. The existence of a secondary equi
librium may, indeed, take place with the other compounds, but such an 
equilibrium would have to be observed at. much higher halogen/donor 
molar ratios than those used in this study.

responding oxide. The observed shift in the P-S 
frequency on halogen complexing is smaller, 
Arinax =  21 cm.-1 (Table I), compared with 
that, observed for the phosphine oxide, A?max > 
70 cm.-1. This indicates that there is a net de
crease in p7rs —» d7rp back-bonding, which results 
iu decreased P-S bond order, and a lowering of the 
frequency. This must be overcome by other ef
fects which operate to bring about an increase 
in the frequency so that the net decrease is not as 
large as that observed for the phosphine oxides.

A knowledge of the effect of the coupling of the 
two oscillators P -0  (or P-S) and O-I (or S-I) on 
the P -0  (or P-S) frequencies is highly pertinent 
to this discussion. By the use of the equation22 
for a linear X-Y-Z triatomic molecule which 
makes use of the frequencies and the force con
stants of the two free oscillators, X -Y  and Y-Z, 
it is possible to make some calculations on the 
effect of such coupling. Using a value of fcpo =  
8.73 m d./A.4 and hoi =  0.5 2.5 md./A. we cal
culate that such coupling results in an increase 
in this frequency of from 10-100 cm .-'. Similarly, 
using a value of kPS = 5.24 md./A.,9 we calculate 
that S-I coupling increases the P-S frequency 
by 5-50 c m .'1 for the range /.'si =  0.5-2.5 md./A. 
Making use of the experimentally observed values, 
we calculate hpo =  5.83-7.19 and 6.66-8.03 md./A. 
at ?po = 1100 and 1160 cm .-1, respectively, for 
the halogen bonded P -0  frequencies and for the 
same range of hoi previously used. Likewise, 
for the halogen  ̂bonded P-S frequencies, hps = 
5.72-6.83 md./A. at Pps =  700 c m . '1. These 
calculations demonstrate that hpo is effectively 
lowered on halogen complexing with a concurrent 
decrease in P -0  bond order. The extremely small 
P-S shift indicates that there is actually a small 
increase in hpg on halogen bonding with a negligible 
change in P-S bond order and that it may, in fact, 
be slightly increased.

The most reasonable conclusion we can draw 
from these observations and calculations is that 
the back donation of pit halogen electrons to the 
3d7r orbitals of sulfur contributes to a ver}T large 
degree to the stability of these complexes. Con
current p rs — d7rs and p7rs -»■ d7rp back-bonding
leads to contributing structures of the type R jP =

-  +
S==X—X : and ItaP==S—X :X : .  These struc
tures, impossible in phosphine oxides because of 
the non-availability of 3d orbitals in oxygen are most 
reasonable in view of the equal electronegativity of 
sulfur and iodine. Such structures increase the 
P-S bond order and, as the calculations indicate, 
more than compensate for the decrease in the P-S 
bond order which would otherwise result from 
halogen comp.exing. This also furnishes a partial 
explanation of the greater stability of the phos
phine sulfide complexes.

(21) Ultraviolet studies17 show ;hat the formation constants for a 
pair of correspond»'g molecules is about 102 greater for the sulfide than 
for the oxide.

(22) (!. Herzberg, “ Infrared and Raman Spectra,”  D. Van Nostrand 
Co.. Inc., New York, N. Y., 1945, p 173.



1138 J. B. I f f t , D. H. V o e t  a n d  J e r o m e  Y in o g r a d Vol. 65

Acknowledgment.—We should like to express our Commission for financial support under Contract 
appreciation to the United States Atomic Energy AT-(40-l)-2733.

THE DETERMINATION OF DENSITY DISTRIBUTIONS AND DENSITY 
GRADIENTS IN BINARY SOLUTIONS AT EQUILIBRIUM IN 

THE ULTRACENTRIFUGE1
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The calculation of density gradients and density distributions in binary solutions at sedimentation equilibrium in an 
ultracentrifuge is presented. The differential equation describing sedimentation equilibrium is 0 (p )d p  =  <a*r dr where @ is a 
function of the temperature and the activity, molecular weight, and partial specific volume of the solute at a density p. 
Values of 0  have been calculated from published data for density and activity over the entire concentration range for CsCl, 
KBr, RbBr, ItbCl, LiBr and sucrose at 25.0°. For each binary system /3(P) has been expressed as a cubic polynomial in p. 
The integral form of the above equation was then solved for the integration constants using a digital computer for the first 
four salts mentioned above. The integration constant is the radial distance at which the initial density of the solution occurs. 
This is the isoeorcentration position. Experimental confirmation of the density gradient and of a density distribution for 
CsCl arc presented.

Introduction
The analysis of results obtained with the recently 

developed procedures for sedimentation equilibrium 
of macromolecules in a density gradient in the ultra
centrifuge6 requires a knowledge of the density 
and the gradient of density in the liquid column. 
For a single dilute species, the apparent molecular 
weight6 of the macromolecule is given by the rela
tion

i  r   _____ I  P»________  . . .
a!>p <r*(dp/dr)ocoVo ( )

where pa is the buoyant density of the solvated 
species of molecular weight, d /app, a is the standard 
deviation of the Gaussian concentration distribu
tion of the macromolecule, (dp/dr)0 is the density 
gradient at the position r0, the center of the Gaus
sian band, and co is the angular velocity.

In previous work, the buoyant density has been 
evaluated by asserting that the isoconcentration 
distance, r„, and the corresponding original density, 
pe, are to be found at the radial center of the liquid 
column. For bands near the center of the liquid 
column, to a good approximation

Po =  Pc +  (dp/(b-),.A r (2)

where Ar is the displacement of the mode from the 
center of the liquid column.

The density gradient is evaluated by one of two 
alternative methods.7 The optical method makes 
use of the relation

dp _  An dp
dr dr dre (3)

where dn/dr is the measured refractive index 
gradient in the schlieren optical system and dp/dn 
is obtained experimentally by refractometry of 
solutions of known composition. In the physical 
chemical method, the density gradient is calculated 
from the relation for sedimentation equilibrium in a 
two-component system

dp _  dp . _  _ . M w 2r
dr -  d ln ô ( ~  Vp> R T (4)

where M, a and v are the molecular weight, activity 
and partial specific volume of the solute species.

In this paper a method is presented for evaluating 
re. The method is based upon integrating a form 
of equation 4, using the conservation condition to 
obtain the integration constant. As a part of the 
procedure, it has been necessary to tabulate the 
values of the dp/dr as a function of p and to express 
these as polynomials. The results for a series of 
solutes in water are first presented. The results 
of the integrations are given in the latter portion 
with some experimental confirmation of the results.

Results and Discussion
The Calcuiation of the Density Gradient.— For

any binary solution, equation 4 may be written

18(p) ^  =  w2r (5)

(1) (a) This investigation was supported in part by Research Grant 
H-3394 from the National Institutes of Health, U. S. Public Health 
Service; (b) this werk was presented in part before the 33rd National 
Colloid Symposium, Division of Colloid Chemistry, American Chemical 
Society, Minneapol.s, Minnesota, June 18 to 20, 1959.

(2) U. S. Public Health Service Research Fellow of the National 
Cancer Institute, 1959-1900; Division of General Medical Sciences, 
1900-1961.

(3) Supported for one summer by the National Science Foundation 
Undergraduate Research Participation Program, N.S.F.-G795-1.

(4) Contribution No. 2053.
(5) M. Meselson F. W. Stahl and J. Vinograd, Proc. Nall. Acad. 

Sri., 43, 581 (1957)
(6) R. L. Baldwin, ibid., 45, 939 (1959).
(7) M. Meselson Pli.D. Dissertation, California Institute of Tech

nology, 1957.

where

* p) = - ! ' -dp
R T

(1 — v p )M

The quantity /3 was evaluated by graphical methods 
from published data of densities89 and activity 
coefficients.10 The partial specific volume, v, was

(8) "International Critical Tables," Vol. 3, McGraw-Hill Book 
Co., New York, N. Y., 1928.

(9) F. Bates and Associates, “ Polarimetry, Saccharimetry and the 
Sugars,”  Circular 440, National Bureau of Standards, Washington, 
D. C., 1942, p. 626.

(10) R. A. Robinson and R. H. Stokes, "Electrolyte Solutions,”  
Butterworths, London, England, 1955.
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e v a lu a t e d  b y  t h e  c h o r d  m e t h o d  o n  a  la r g e  s c a le  
p l o t  o f  1 / p  vs . Z i ,  t h e  w e ig h t  f r a c t i o n  o f  t h e  s o lu te .  
T h u s  a  g r a p h  o f  v vs. p w a s  o b t a in e d .  A c t i v i t i e s  
w e r e  c a l c u la t e d  f r o m  d a t a  r e la t in g  m e a n  io n  a c t i v 
i t y  c o e f f i c i e n t  a n d  m o la l i t y .  C o r r e s p o n d in g  d e n 
s i t y  d a t a  w e r e  d e r iv e d  f r o m  t h e  a lm o s t  l in e a r  w e ig h t  
f r a c t i o n  vs. d e n s i t y  p lo t .  T h e  v a r ia t io n  o f  d p / d  In 
a  w i t h  p w a s  e v a lu a t e d  g r a p h ic a l ly  b y  d e t e r m in in g  
t a n g e n t s  t o  t h e  p vs. In  a  c u r v e .  T h e  v a lu e s  o f  
d p / d  In a  a n d  v  a t  c o r r e s p o n d in g  d e n s it ie s  w e r e  
t a b u la t e d  a n d  d (p )  c a lc u la t e d .  T h e  r e s u lt s  f o r  
C s C l ,10a R b B r ,  R b C l ,  K B r  a n d  s u c r o s e  a r e  g iv e n  in  
T a b le  I .  T h e  d a t a  f o r  L iB r  a r e  g iv e n  s e p a r a t e ly  
in  F ig .  1. T h e s e  r e s u lt s  m a y  b e  u s e d  d i r e c t l y  t o  
e v a lu a t e  t h e  d e n s i t y  g r a d ie n t  in  a  p h a s e  o f  d e n s i t y  
p a t  e q u i l ib r iu m  in  t h e  u l t r a c e n t r i fu g e .

T a b l e  I
V a r ia t io n  o p  ß w it h  So l u t io n  D e n sit y

p Sucrose KBr RbBr RbCl CsCl
1 .02 8 .0 91
1 .03 6 .7 8 9
1 .04 5 .6 0 5
1 .05 4 .6 4 3 6. 729 9 .8 1 7
1 .06 4 .0 1 9
1 .075 7 .4 9 6
1 .08 3 .4 4 9
1 .10 3 .2 3 7 6 .1 21 3..643 5 .5 3 2
1 .12 3 .1 21
1 .125 5 .2 2 9
1 .14 3 .0 91
1 .15 4 .5 9 4 2 .536 4 .1 0 9 2 .491
1 .175 4 .1 51
1 .20 3 .8 4 8 2,.122 3 .4 4 5 1 .984
1 .225 3 .6 3 7
1 .250 3 .4 6 9 1 . 772 3 .1 7 2 1 .715
1 .275 3 .3 3 0
1 .30 3 .2 13 1 635 3 .0 8 3 1 .546
1 .325 3 .1 1 2
1 .35 1 .528 2 .7 7 7 1 .430
1 .40 1 .434 2 .3 3 4 1 .346
1 .45 1 .372 1 .286
1 .50 1 .245
1 .55 1 .216
1 .60 1 .197
1 .65 1 .190
1 .70 1 .190
1 .75 1 .199
1 .80 1 .215
1 .85 1 .236

I n  th is  t r e a t m e n t ,  t h e  e f f e c t s  o f  p r e s s u r e  h a v e  
b e e n  n e g le c t e d .  N e g l e c t in g  th e s e  e f f e c t s  is  e q u iv a 
le n t  t o  s t a t in g  t h a t  t h e  s o lu t io n  is  in c o m p r e s s ib le  
a n d  t h a t  /3 (p) is  t h e  s a m e  a t  a t m o s p h e r i c  p r e s s u r e  
a n d  a t  t h e  p r e s s u r e s  in  t h e  r o t a t in g  l iq u id  c o lu m n . 
T h e  s o lu t io n ,  h o w e v e r ,  is  n o t  in c o m p r e s s ib le .  T h e  
c o m p r e s s io n  g r a d ie n t  a t  d e n s i t y  p is  K p 2û>2r, w h e r e  
K  is  t h e  c o m p r e s s ib i l i t y  c o e f f i c ie n t .  A t  t h e  c e n t e r  
o f  t h e  s e c t o r ia l  c e l l  f o r  C s C l  s o lu t io n s ,  t h is  c o m p r e s 
s io n  g r a d ie n t  is  o f  t h e  o r d e r  o f  1 0 %  o f  t h e  d e n s i t y  
g r a d ie n t  d u e  t o  s a lt  r e d is t r ib u t io n .  T h e  e f f e c t s  o f  
p r e s s u r e  in  d e n s i t y  g r a d ie n t  s y s t e m s  a r e  t o  b e  
p r e s e n t e d  in  a  fu t u r e  p u b l i c a t io n .

(10a) The reciprocals of j3(p) for CsCl have been calculated by R. 
Trautman, Arch. Biochem. Biophys., 87, 289 (1960), by a somewhat 
different procedure. The data for CsCl in Table 1 have been com
pared with Trautman’s data and differ by less than 1%.

p, g. cm. 3.
Fig. 1.— Variation of 0 with solution density, LiBr.

The latter statement regarding the effect of pres
sure on /3(p) appears to be valid, as is demon
strated in the experimental section, at the center of 
a 1.287 g. cm.-3 CsCl solution (2.57 molal) in a 
sector cell at 56,100 r.p.m. The density gradient 
calculated from equation 5 agrees with the gradient 
determined by schlieren optical methods 1o within
0. 7%. In this experiment, the density gradient 
due to the redistribution of CsCl and H20  at 
equilibrium is evaluated by subtracting the schlieren 
elevation photographed just after reaching full 
speed from the elevation obtained at equilibrium. 
This procedure substantially eliminates the effects 
of pressure on the liquid, the cell windows and the 
centerpiece.

The density distributions in CsCl and RbBr 
solutions and in KBr and RbCl solutions should be 
similar in the density region, 1.15 to 1.30. In addi
tion, the former two salts produce higher density 
gradients than the latter two in their common den
sity regions.

The Construction of the Polynomials 8(p).— 
In order to use the tabulated values of /3(p) most

k
effectively, a polynomial ave (y{) = 2  a%  was

3 = 0
fitted to each set of data by the method of least 
squares. The polynomials were constructed by 
orthogonalizing the linearly independent functions
1, x ,x - ,...,x k by the Gram-Schmidt orthogonaliza- 
tion procedure. This method of curve fitting is 
described in Bennett and Franklin.11 Tables of 
the numerical values of the £’s are given by Fisher 
and Yates.12 Thus, polynomials of the form

ftp) =  /So +  ftp +  f t p 2 + • • • + f t p *  (0) 
were obtained for the solutes previously mentioned. 
The values of the first four ¡3 coefficients are given 
in Table II.

The accuracy with which the polynomial j8(p) 
gives the curve represented by the original 8  vs. p 
data depends upon k, the degree of the polynomial 
and upon n, the number of points used to calculate 
the polynomial. In this work, third degree poly
nomials were used. In the case of CsCl, a fifth 
degree polynomial reduced the maximum deviation 
of the ¡3 values calculated from the polynomial 
equation from the fi values originally derived from

(11) C. A. Bennett and N. L. Franklin, “ Statistical Analysis in 
Chemistry and the Chemical Industry,”  John Wiley and Sons, New 
York, N. Y., 1954, pp. 255-264.

(12) R. A. Fisher and F. Yates, “ Statistical Tables,”  Oliver and 
Boyd, London, 1957, pp. 90-100.
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T a b l e  I I

P o l y n o m i a l  C o e f f i c i e n t s '1
Salt

CsCl
RbBr
RbCl
KBr
Sucrose

“ See text for pi

Density

1 . 1 5  -

1 .0 5  -

1 .0 5  -  
1 . 0 7 5 -  
1.02

ilynomia

range

1 .8 5

1 .4 5

1 .4 0

1 .3 2 5

1 .1 4

equation.

0« x  10 

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

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

Hi x  io -»  

- 8 5 . 3 7 2 4  
- 1 , 4 1 6 . 8 0 2 4  
- 2 , 8 7 8 . 2 2 2 5  
- 2 , 2 8 0 . 4 3 3 4  
- 2 , 3 2 0 . 1 0 7 7

0î x  io -»  
51 .7 7 0 4  
1 ,0 7 9 .2 0 8 0  
2 ,2 0 4 .0 7 2 9  
1 ,8 0 2 .8 0 8 2  

2 ,0 8 5 .0 9 9 3

03 X  IO "9 

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

- 5 9 3 . 3 4 0 8  
- 4 7 5 . 9 7 0 4  
- 0 2 5 . 0 0 0 0

where c is the concentration at v{r), ce the initial 
concentration, and V is the total liquid volume 
in the cell. Since these concentrations are in units 
of mass/volume

c =  Z 2P (9 )

Examination of the relation between Z2 and 1 /  p 
shows that these quantities are linearly related over 
the maximum density increments of 0.1 to 0.2 g. 
cm.-3 encountered in a gradient column. Com
bining this linear relation

z, =  m /p )  +  k, (io)

where fci and k2 are constants, with equation 9 
and with the conservation relation 8, we obtain

•v
p  d v

Pc = ------ y ------  ( I D

For sector and cylindrical cells, equation 11 takes 
the forms

/ :

Cr
2 J  ra

Cb2
pr dr

a n d

(i'b ra)

( H a )

(lib )

Fig. 2.— Comparison of polynomial /3(p) curve and original 
/3(p) curve, CsCl. Solid lino, original /3(p) curve; dashed 
line, polynomial (i(p) curve.

activity and density data from 3% in /3 to 1%. 
The third degree polynomial was adequate to give 
the values of the isoconcentration points, re, to 
within 0.1%, except for RbBr. The value of n 
used depended on the shape of the d(p) curve and 
varied from 15 to 21.

The maximum deviation of the values calcu
lated from the third degree polynomial from the 
corresponding original values was ± 1 %  for 
KBr, ± 3 %  for CsCl and sucrose, ± 6 %  for RfcCl 
and ± ]2 %  for RbBr. The agreement between 
the derived relations and the original data is illus
trated in Fig. 2 for CsCl.

Integration of the Polynomial Expansion of the 
Sedimentation Equilibrium Equation.—Equation 5 
represented as a third degree polynomial may be 
integrated to give a fourth degree polynomial.
« d p 4 —  P e4)  +  « Y p 3 —  Pe3)  +  «2<  P 2 —  Pe2)  +

«i (p — Pc) +  a>2(re2 — rz)/2  =  0 (7)
where the « ’s are constants. The integration 
constant, re, was evaluated using the outside condi
tion of conservation of mass of the solute

Co
V

(8)

respectively, where ra and iq, are the radii at the top 
and bottom of the cell.

The solution of equation 7 incorporating the 
conservation conditions 11a or l ib  was performed 
with a Burroughs 205 digital computer. Input 
data for the computer are the constants oq, a% a3, 
ah pe, ai, ra, ?'b, n, the number of evenly spaced 
intervals in the liquid column, either 4 or 6, and 
I i c( 1 )  and Re(2), two bracketing estimates for re.

Equation 7 rewritten for a specific pi and n is

«4pi4 + mpi3 +  a2pï2 +  «ip, = 9 (n2 — r„2) +
«lP c4 +  «3Pc3 +  «2Pc2 +  «1 Pe =  — «II

The constant, a0, is computed using Re( 1) and one 
of the values of q. Then the quartic polynomial is 
solved for the corresponding p;. Each of the n +  1 
points (q, pi) is computed similarly and Simpson’s
rule used to compute the integral I\
in the case of the sector. The procedure is repeated 
for 7?e(2). A linear interpolation is used to find 
Äe(3). R  is calculated and compared with / 0 = 
pe(rb2 — ra2) / 2. The procedure is continued with 
parabolic interpolations until satisfactory agreement 
is reached between /,„ and l n, whereupon the last 
set of values ofp; and n and the final value of r„ are 
printed out.

The program was operated for aqueous solutions
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of CsCl, RbCl, RbBr and KBr for both sector cells 
and cylindrical cells containing 2, 3 and 5 ml. of 
solution over a range of solution densities and for 
several angular velocities. The limiting radii were 
chosen to correspond to a 0.70-ml. liquid volume in a
12-mm. 4° sector in the analytical ultracentrifuge 
or to the above volumes in 5 ml. plastic tubes in 
the SW-39 swinging bucket rotor in the preparative 
ultracentrifuge.

Representative density distribution data are 
given as follows: Fig. 3 presents the data for CsCl 
in cylinders of varying length and initial density. 
The distributions are as expected in that they be
come more linear as the cell lengths decrease and 
they are steeper for the higher pe’s reflecting the 
higher gradients. The maximum density differ
ence which can be obtained for CsCl is seen to be 
about 0.4 g. cm.-3.

Figure 4 gives the distributions for the four salts 
in 3-ml. cylinders at varying angular velocities. 
The slope of the curves increases with increasing 
velocity as required by the density gradient expres
sion. The isoconcentration point is not invariant 
with changes in w as is suggested by the small scale 
plots, Fig. 4, but varies as shown in Figs. 6 and 7.

The numerical values for the CsCl density dis
tribution in sectors are given in Table III.

T able III
Density Distributions 

CsCl Sector
-̂--------------------Density ¡it---------------------s

p
O},r.p.m. ra — 0.0 0.3 f;. n r = 0.9 U. ~

7.2

1.2 56,10(1 i .137 1. 164 1.195 1 .231 1 .273
1.3 56,100 i .217 1.252 1.293 1.340 1.394
1.45 56,100 i . 343 1. 390 1 .443 1.502 1 .564
1.6 56,100 i .484 1. 538 1 .595 1.054 1.715
1 7 56,100 i .585 1. 639 1.695 1.753 1 .814
1.2 44,770 i .160 1.177 1.197 1.219 1.244
1.45 44,770 i . 382 1.413 1.446 1.482 1 ,521
1. 7 44,770 i . 62!) 1.662 1.697 1.733 1.771
1. 7 33,450 i .660 1.679 1.698 1.719 1.740

The remainder of the density data can be calcu
lated from the isoconcentration point data given 
below. This data provides p0 and re in equation 7 
which can then be solved for the density distribu
tion noting that an = /3n-i/n. Also, a stepwise 
integration can be performed using the isoconcen
tration point and /3(p) data. Alternatively ap
proximate density distributions for intermediate 
values of the parameters can be evaluated by inter
polation.

The order of magnitude of the errors in the above 
distributions can be evaluated by considering the 
areas between the polynomial and actual d(p) 
curves. To a good approximation, the point p,,,rc 
is the same for both the polynomial calculation 
and for the actual distribution. This will be dem
onstrated in a later section. We then can use equa
tion 5 to estimate the deviations at other points 
in the distribution.

The area under the polynomial curve between 
pe and p is equal to I P /3(p)dp. A similar integral 
can be written for the area under the real curve.

r, cm.
Fig. 3.—Density distributions in cylinders: CsCl;

39,000 r.p.m. « , Pc = 1.7; O, pe = 1.6; □, pe =  1.45; 
A, Pe = 1.3; A, Pe = 1.2.

r, cm.
Fig. 4.— Density distributions for four salts in 3 ml.

cylinders at varying speeds. In the order of increasing 
slope, the curves are for 1C,000, 20,000, 30,000 and 39,000 
r.p.m.

The area between the two curves from pe to p is 
given by

|*P 0(p)„dp -  f P /3(p)rdp =  (rp2 -  rr2)
J  pc J  pc 4

From a measurement of this area, the real value of 
r at p,rr, can be calculated. The value for p as 
given by the polynomial is obtained from the
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Pe, g. cm. 3.
Fig. 5.—Variation of normalized isoconcentration point 

with original solution density, CsCl: O, 5-ml. cylinder,
39,000 r.p.m.; □, 3-ml. cylinder, 39,000 r.p.m.; A, 2-ml. 
cylinder, 39,000 r.p.m.; A, sector, 56,100 r.p.m.; O, sector, 
44,770 r.p.m.

r.p.m. X 10“ 4
Fig. 6.— Variation of normalized isoconcentration point 

with angular velocity, 3-ml. cylinders: •, CsCl, p „ = 1.45;
O, RbBr, =  1.3; a , KBr, pe =  1.2; A, RbCl, pe = 1.3.

0 .9 8  i______  ,
2 4 6

r.p.m. X 10 "4
Fig. 7.— Variation of normalized isoconcentration point 

with angular velocity, sectors: •, CsCl, p0 =  1.7; O,
RbBr, pc =  1.3; a , KBr, p„ = 1.3; A, RbCl, pe == 1.3.

density distribution plots. For the case of CsCl 
of pe =  1.7 and 56,100 r.p.m. in a sector integra
tion from re to the cell bottom showed that the

difference in r for which both distributions had a 
density of 1.81 was 0.012 cm. This corresponds 
to a density difference of 0.002 g. cm.-3 The 
differences in p arc successively less as the distances 
from re decrease. The density differences between 
the real and computer distributions will be approxi
mately the same in the cylindrical cases since the area 
in the example discussed was nearly maximal. Also 
the values of r in the cylindrical case are larger and 
hence, for a given area between the curves, the 
difference in rp and rr will be smaller. Thus the 
maximum deviation which can be attached to each 
of the densities in the CsCl distributions reported 
is 0.002 g. cm .-3. Inspection of the areas between 
the curves for the other salts indicates that the 
maximum deviations in density for KBr will be 
smaller than 0.002 g. cm .-3 and for RbCl and 
RbBr will be less than the accuracy with which Fig. 
4 can be read.

To be of greatest use, the isoconcentration points 
obtained in the above program were normalized 
in two ways. Since the actual values obtained for 
re depend on the ra and rb used in the program, 
they were first normalized by dividing the differ
ence between re and ra by the length of the liquid 
column to yield (re — bO/(b> — ra). The isocon
centration positions were further normalized by 
dividing this fraction by another fraction, (re' — ra) /  
(b, — bi), where re' is a limiting value for re, to give 
(7c -  bO /(b/ -  bO-

Under the assumption that /3(p) is constant, the 
integrated form of equation 5 and the conservation 
equations 1 f may be combined to give values for the 
limiting isoconcentration points in sectors, equation 
12a, and in cylinders 12b

+
 <Nii (12a)

, /rb2 +  rarb +  ra2
(12b)r' \  3

Equation 12a was derived earlier by Rinde13 under 
the assumption that M ( 1 — vp)u-{rh- — ra-)/2RT 
«  1. We will now expect that the actual values of 
re in a real situation will converge on re' when ¡3 
approaches a constant value. This is the case, 
for example, for CsCl solutions in the density range 
1.65 to 1.75 g. cm .-3. Within this range are the 
buoyant densities for cesium deoxyribonucleates. 
For any system, of course, the change in /3 from the 
top to the bottom of the liquid column becomes 
smaller as the angular velocity or the length of the 
liquid column is decreased.

The normalized isoconcentration points are 
presented in Figs. 5-7 and in Table IV. In the 
density range 1.6-1.7, the ¡3 curve for CsCl, Fig. 2, 
goes through a broad minimum. Thus it would be 
expected that the value of the normalized isocon
centration point should approach 1.000 in this 
region which it does as shown in Fig. 5. Also to be 
noted is the increasing divergence of re from re' 
as either the cell length or the angular velocity 
increases. As previously discussed, this is to be 
expected since either variation reduces the con
stancy of /3. In Figs. 6 and 7, it is seen that rK 
does vary slightly with angular velocity and, as

(13) H. Rinde, Dissertation, Upsala, 1928.
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expected, tends toward rc' as to is reduced to zero. 
Table IV

Normalized Isoconcentration Points
V o lu m e , 

r .p .m . m l. Pc R b B r R b C ’ l KBr
A. Sectors 56,100 0.7 1.1 1.049 1.033 1.025

56,100 0.7 1.2 1.036 1.016 1 .015
44,770 0.7 1.1 1.032 1.021 1.016
44,770 0.7 1.2 1.024 1 .009

B. Cylinders 39,000 5 1.1 1.093 1.059 1 .044
39,000 5 1.2 1.084 1.027 1 .026
39,000 5 1.3 1.006
39,000 3 1.1 1.063 1.040 1.030
39,000 3 1.2 1.064 1.019 1.018
39,000 3 1.3 0.995 1.001 1 .018

The graphs may be viewed as describing the 
errors which arise when the readily available limit
ing values of re are employed. The error in re, 
if re' is used, is given adequately by the approxi
mate expression (re -  re')/re =  8 -(rb -  ra) /(rb +  ra) 
where 8  is the variation from 1.000 in the (re — 
í'a)/(7e, — ra) plot. The error in p0 encountered 
on using r j  for rc may be found approximately by 
multiplying 8 -(rb — ra) / 2 by the density gradient. 
In general, p0 is desired to within 0.001 g. cm.“ 3, 
which in the case of a 0.15 g. cm.“ 4 gradient corre
sponds to specifying the band position to 67 p. 
Under these conditions, rK' may be used in place of 
re for any sector run in CsCl where 8  <  0.011 or 
equivalently, for pe >  1.5. The maximum 8

allowable, if the same accuracy in determining p0 
is to be achieved in cylinders, decreases with in
creasing length to a value of 0.003 for a 5-ml. CsCl 
cylinder.

Generally, the practice to date has been to use 
the radial center of the cell for re. For CsCl of 
pe =  1.7 in a 12 mm. cell where rm =  (rb +  r„)/2 = 
6.60, multiplication of dp/dr at re by (re — rm) 
yields the following errors in computing p0: 0.005 
at 56,100 r.p.m., 0.003 at 44,770 r.p.m., and 0.002 at 
33,450 r.p.m. Thus depending on the conditions 
of the experiment, rather serious errors may occur 
in determining p0 if the center of the cell is used for
rc.

Comparison of Figs. 2 and 5 indicates that there 
is a close correlation between the slope of the /3(p) 
curve and the value of rc obtained. It was further 
noted that a straight line represents the /3(p) curve 
better than the polynomial over short regions of the 
curve pertinent to an experiment. Thus an ex
pression for rc in closed form was sought by solving 
equation 5 in linear form using the conservation 
condition, equation 11, as before.

Using ¡3 =  do +  diP, equation 5 was integrated 
and solved for (p — pe). This variable was sub
stituted into J  (p — pc)rdr = 0, which is another
form of the conservation equation 11a for sectors. 
This equation was integrated to give an expression 
for re using two approximations. The first in
volved a good expansion in powers of (r/ ) 2 — (r„)2. 
The second expansion is accurate to within ±  1 %  in 
(re') 2 ~  (re) 2 if D =  diw2/d 2 is less than 0.05, which 
is the case for the maximum centrifuge velocities 
attainable except for the lowest density regions of

each salt. The expression obtained is
(a ')2 -  (a ,)2 = D(n,2 -  /•„"!/IS ' (13)

Using this equation, values of re were computed 
for three points on each of the /3(p) curves. These 
points in general corresponded to portions of the 
curves where either the slope of the polynomial 
had a different sign than the actual curve, the devia
tion between the curves was a maximum, or the 
slopes were large. In all cases examined, the use 
of the slope of the tangent to the polynomial curve 
yielded values within 0.304 cm. of the computer 
value. This demonstrates not only the validity 
of this equation but also the fact that a tangential 
line yields satisfactory values compared with the 
computer value which is the exact solution for the 
polynomial curve. This is important because, 
under the restriction noted, the isoconcentration 
points can be obtained by the tangent method 
given above and thus without recourse to a com
puter. The same results were obtained through the 
use of the straight line through the points corre
sponding to the densities at the cell ends as given by 
the computer.

Typical values for r,, were calculated for each of 
the salts using the tango its to the actual /3 curve. 
In all cases, except under conditions where the ex
pansion is poor, the agreement of this value with the 
computer rB for CsCl, RoCl and KBr was within 
0.005 cm. This corresponds, for a large gradient, 
to the acceptable error of 0.001 d.u. The numbers 
for RbBr differ by as much as 0.016 cm. This is 
due primarily to the large error noted previously 
in the polynomial fit. The isoconcentration points 
for RbBr given in Figs. 6 and 7 and Table IV were 
obtained by the use of equation 13.

An expression for rc in closed form in the cylin
drical case using a linear ,3 equation as above could 
not be obtained. Thus, all of the isoconcentration 
point data for cylinders are those obtained by the 
computer. By analog'/, we assume that the values 
for RbCl, CsCl and KBr are accurate; the RbBr 
data probably are good only on the average to 0.01 
cm.

The Resolving Power of the Density Gradient 
Method for Macromolecules of Different Buoyant 
Densities.— With the availability of information 
regarding the density gradient formation for various 
salt solutions, it is of interest to consider the effect 
of the selection of the salt on the resolution obtain
able between substances separated in the gradient 
column.

We will define resolution, A, for two homogeneous 
macromolecular species _n a density gradient as

A = A r
(<ri +  o'2) (14)

the distance between the modes, Ar, divided by the 
sum of the standard deviations of the bands. For 
small distances, equation 5 is Ar =  Ap(d/a>2r). 
Substituting this expression and equation 1 for a 
into equation 14 under the simplifying assumptions 
of a constant density gradient and Ap < <  p,-„ 
and Ar  <  <  f0, the resolution equation becomes

A Ap / J Y A  r  (MiMd'A___ "I /J V A
\r t )  L(Jf.)V”- +  (M2)V*J Vp/fo

(15a)

where Ap is the difference in buoyant densities
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of the macromolecular solutes of molecular weights 
J/, and Mi aud both 0  and p are evaluated at the 
mean handing position fn. For two solutes of nearly 
the same molecular weight Af, but different buoyant 
densities, the resolution equation becomes

•] (15b)

This equation is further simplified by recalling 
that ¡3, cf. equation 5, is proportional to RT. In
troducing 0 ' =  (3/RT, equation lob can be written

A = (15c)

Thus A does r.ot depend as strongly on tempera
ture as is indicated in equations 15a and lob. It is 
independent o: T except for the small effects of 
temperature on the activity coefficients.

For a given pair of macromolecules in a given 
salt gradient, the resolution is independent of 
angular acceleration. This is to be expected since 
both Ar, for a given Ap, and a are proportional to 
(uV)-1. As the bands become narrower, they ap
proach each other. Resolution is therefore not 
affected by changes in velocity.

On the other hand, resolution is improved by 
carrying out experiments in solvents having the 
largest 0 values. For the aqueous salt solutions 
previously discussed, these are the solutions con
taining salts of low molecular weights. At a den
sity of 1.3, potassium bromide and rubidium chlo
ride solutions resolve better than cesium chloride 
solutions by factors of 1.45 and 1.41, respectively, 
even though the gradients achieved at a particular 
angular velocity are smaller.

A value of A = 1 will lead to such overlap that 
only one maximum will be evident in the concen
tration profile. At A =  2, concentration profiles 
will intersect such that 5% of the material will be 
intermixed. At A =  3, almost complete separation 
is achieved.

Alternately, the resolution can be measured by 
the elevation midway between the modes. On a 
plot normalized by dividing c by c0, this elevation is 
given by y =  2e-A2/2 if the initial concentrations and
o-’s are identical. If the initial concentrations 
are unequal, both the degree of mixing and the 
elevation y wil be increased.

An experimental test of the resolution equation 
has been afforded in the experiments of Meselson 
and Stahl.14 They observed a density separation of 
0.014 density unit for the D X A ’s containing 14N 
and 15N isotopes. Using their molecular weight 
and buoyant densities to calculate Ar and the 
standard deviations, a A of 3.6 is obtained. Sub
stitution in equation 15b yields the same density 
separation as observed indicating the internal con
sistency of the resolution equation. The elevation 
of the trough between the concentration distribu
tions presented in this paper appears to be con
siderably higher than would be the case for two 
Gaussian distributions having a A =  3.6. This 
is due in part to the unequal initial concentrations 
and possibly due to not having reached equilibrium 
or to the presence of a small amount of impurity.

(14) M. Meselson and F. W. Stahl, Proc. Nall. Acad. Sri.. 44, G71 
(1953).

For proteins of 71/ = 105 and p =  1.3, A =  35 
Ap for CsCl solutions and 50 Ap for KBr solutions. 
Therefore to obtain a resolution of 2, Ap must be 
0.058 and 0.040 in CsCl and KBr, respectively. 
Thus appropriate macromolecules in the size range 
of proteins may be segregated in a single density 
gradient column. Such a segregation recently has 
been reported by Bock15 for /3-galaetosidase and 
16N.D-/3-galactosidasc.

Experimental
Preparation of Solutions.—The CsCl solutions were pre

pared from CsCl obtained from the Maywood Chemical Co., 
Maywood, N. J. Solution densities were determined with a 
Zeiss refractometer utilizing the linear relation16 between 
P  and n, p25-° =  10.8601n26-°r> -  13.4974. The N-43 
fluorochemical was supplied by the Minnesota Mining and 
Manufacturing Co., Fluorochemical Department.

A. Measurement of dp/dr.— A CsCl solution of pe =  
1.287 was centrifuged to equilibrium at 56,100 r.p.m. in a 
Spinco Model E analytical ultracentrifuge and schlieren 
photographs made.

The density gradient was determined experimentally from 
equation 3. The refractive index gradient was measured 
from the relation d n / d r  =  y  tan d / L T m  where y  is the verti
cal distance on the schlieren curve between the baseline, 
photographed immediately at velocity, and the equilibrium 
curve, 6 is the diaphragm angle, L  the optical lever arm, T  
the cell thickness, and m  the cjdindrical lens magnification. 
The value of d n / d r  was determined at the isoconcentration 
point and, after correction for dispersion,17 found to be 
0.0136. Multiplication by the slope of the p vs. n  relation 
given above yields dp/dr =  0.147. The value for the gradi
ent derived theoretically from the /3 curve is 0.146. The 
0.7% discrepancy can be accounted for in the uncertainties 
both in the experimental parameters and in the accuracy of 
0.

B. Measurement of the Density Distribution in a CsCl 
Solution in a Preparative Centrifuge Cell.— Fluorocarbon 
(0.33 ml.) was used to place the false bottom 0.5 cm. from 
the bottom of the plastic cell. Two ml. of CsCl solution of 
pc =  1.700 was added, and then a layer of mineral oil to 
prevent evaporation and cell collapse. The SW-39 rotor 
then was spun 24 hr. to equilibrium at 39,000 r.p.m. in a 
Spinco Model L preparative centrifuge. After braking to a 
halt, the cell was immediately sampled dropwise into pre
viously weighed vials. This was done by making a small 
hole in the bottom of the tube with a pin and controlling 
the drop rate with a syringe attached to the tube. The vials 
then were reweighed and the refractive index of each sample 
measured.

From these data, calculations yielded a plot of p vs. r 
which is presented in Fig. 8 together with the theoretical 
distribution. The experimental curve, representative of a 
number of such runs, differs significantly from the theoretical 
distribution. Identical runs made with no braking and 
runs of 48 hr. yielded similar results, indicating that these 
differences were not due to rapid braking or failure to attain 
equilibrium.

The small but consistent elevation of the experimental 
curve suggests that some evaporation occurred during 
sampling and analysis. The significant departure of the 
curve at the ends of the cell could be due to back diffusion, 
which therefore was further investigated.

(15) Private communication from R. M. Bock.
(1G) This relationship is the least squares line through data ab

stracted from “ International Critical Tables”  and confirming data ob
tained in this Laboratory.

(17) The schlieren photographs were made with light from an AH-G 
mercury lamp filtered through an Eastman number 16 wratten filter 
and registered on Eastman metallographic plates. The effective wave 
length in these photographs is a pressure-broadened 54G0 A. Hg line. 
Pince (dn/dr) = (dn/dc) (dc/dr), the dispersion factor desired is (dv/ 
dr)6$93/(dn/d?’)&46o = (dn/dc)5893/(dn/dc)wso. Data for the calculation 
of the latter ratio are given by A. Heydweiller, Physik. Z., 26, 52G 
(1925). Several reasonable interpolations lead to a value of 0.990 
for the dispersion factor for solutions of CsCl in the range 2 to 4 molar. 
The measured elevation is multiplied by the dispersion factor to give 
(dn/dr) 68 93.
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C. Measurement of the Rate of Back Diffusion.— An
analytical centrifuge cell was filled with CsCl of pe =  1.700 
and the cell brought to 39,460 r.p.m. at maximum accelera
tion . Using a pulse counter as a guide, baseline photographs 
were obtained at 9,945 r.p.m. and just at full speed. After 
equilibrium was achieved, as determined by a series of schlie- 
ren patterns, the angular velocity was reduced to 9,945 
r.p.m. in 6 minutes. Schlieren photographs then were 
made at suitable intervals to determine the rate of back dif
fusion.

At various radii, the distances y\ between the curves and 
their corresponding baselines were measured on enlarged 
tracings of the photographic plates. The resulting plots 
were integrated numerically using the meniscus as the origin. 
The integrals evaluated up to two points, r( and r2, 0.26 and 
0.56 mm. from the top and bottom of the liquid column, 
respectively, were combined with the densities at these 
positions, as determined from the computer data, to give the 
following relation between p and the summations 

/  r rt \

Pr =  “  ( Vi “  V' )  +  Pn 
\ ra ra /

where

a. Pri pT2

2  2/1 -  X ) Vi

It is thus unnecessary to know either dp/dra or the machine 
constant in the relation between the measured elevations 
and the refractive index gradient. Only the exptl. dis
tribution curve at 39,460 r.p.m. is shown in Fig. 9 since it 
agrees so closely with the computer distribution. The 
distributions are superimposed at the cell ends as required 
by this treatment. The exptl. distribution deviates slightly 
downward in the central region to a maximum difference of 
0.0005 g. cm .-3.

The schlieren data obtained after reduction of speed were 
converted to density distributions by essentially the pro
cedure described above with the additional assumption that 
the position of the isoconcentration point did not change 
in the expt. This assumption is justified as indicated in 
Fig. 7. The value of re changes only very slightly if the curve 
is extrapolated to an ordinate of 1 .(100 at zero speed.

As is to be expected, the first effect observed on lowering 
the speed is the Archibald effect. That is, the concentra
tion profile remains approximately the same throughout the 
center portion of the liquid column but changes very abruptly 
at the ends. Thus even at 12 min. after reduction of speed, 
there are significant deviations at the top and the bottom 
about 2 mm. in from the ends, but no deviation in the middle 
portion. At 29 min., there are deviations of 0.015 and 
0.021 g. cm .-3 at the top and bottom of the cell, respectively. 
The deviations from the theoretical curve noted on sampling 
a 1.7 cm. preparative cell at 30 min. after braking are corre
spondingly 0.034 and 0.023 g. cm .-3 The deviations at the 
bottom are expected to be in closer agreement since the 
sampling procedure examines this portion of the liquid col
umn first. The deviations in the preparative cell are neces
sarily larger since the cell is longer and also since the an
alytical centrifuge expt. could not be performed at rest. 
We conclude that the major portion of the deviations noted 
at the ends of the liquid column in the preparative run is due 
to back diffusion.

N ote  A dded  in  P r o o f .— In subsequent publications 
(Hearst and Vinograd and Hearst, lift and Vinograd, Proc. 
Nail. Acad. Sci., July (1961)), it is shown that the effective 
density gradient which must be used in dealing with buoyant

8 9
r, cm.

Fig. 8.— Density distributions in the preparative centri
fuge; 2 ml. cylinder; CsCi.; 39,000 r.p.m: solid line, 
theoretical distribution; O, exptl. distribution.

Fig. 9.—-Exptl. density distributions in the analytical 
ultracentrifuge at equilibrium at 39,460 r.p.m. and after 
reducing velocity to 9945 r.p.m.: dashed line, theoretical 
distribution at 9945.

macromolecules, is the sum of the composition density gra
dient and density gradient terms associated with the effects 
of pressure and solvation. In this paper, the term density 
gradient is used to described only the composition gradient. 
The density gradient employed in equations 1 and 15 should 
properly be the effective density gradient.
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A low-conversicn flow reactor system is used to measure rates of dealkylation of i-butylbenzene over a variety of catalysts, 
as a function of temperature and of added water vapor, in an attempt to classify catalysts according to Bronsted acid activity. 
With but one exception, activation energies are the same for all catalysts studied. Differences in activity between catalysts 
are believed due to differences in the number of sites capable of catalyzing this reaction. The addition of water vapor with 
the hydrocarbon has little effect, up to a point, upon the activity of silica-alumina, kaolinite-based catalyst, mixed base 
catalyst, or silica-alumina-zirconia. Water is harmful to boria-alumina or fluoride-alumina, by causing volatilization of the 
promoter. Water enhances the activity of silica-magnesia or montmorillonite-based catalyst.

I. Introduction
The catalytic acidity of cracking catalysts has 

been the subject of much work in recent years. 
In attempting to measure what one terms catalyst 
acidity the concepts of number of acid sites and of 
the strengths of these sites must be considered. 
Techniques such as the non-aqueous titration 
with n-butylamine1 or quinoline adsorption,2 
among others, give a measure of the number of 
such sites. Benesi3 has extended the butylamine 
titration to permit estimation of relative acid 
strengths, by using a series of indicators of varying 
p K . These techniques, while they serve a definite 
purpose in characterizing catalysts, suffer from 
the fact that they may not represent the actual 
interactions involved in a catalytic reaction.

Another aspect of the characterization of acidic 
properties of catalysts is the question of whether 
the sites are Lewis or Bronsted acids. Tamele4 
has suggested that silica-alumina is a Lewis acid in 
the absence of water, Bronsted acid in the presence 
of water. On the other hand, Milliken, et a l.,:> 
postulate the presence only of potential Lewis 
acids, until the approach of a base (e.g., a hydro
carbon) causes a shift to the Lewis acid form. This 
picture completely eliminates the possibility of 
Bronsted acids. Flansford6 has given a rebuttal 
to this theory, pointing out that there is a consider
able body of evidence that protons can and do 
exist on cracking catalysts at elevated temperatures, 
and that it is difficult to see how the polarizing 
ability of any but the most polar molecules (e.g., 
water) could exert the postulated effect on catalyst 
structure. Mapes and Eischens7 reported infrared 
spectral evidence for both Lewis and Bronsted 
acids (or hydrated Lewis acids) in silica-alumina, 
with the Lewis acids predominating. Haldeman 
and Emmett,8 in a study of the water content of 
silica-alumina, found that there are not enough 
protons present to furnish one for each A1+3, 
hence at least some of the sites must be the Lewis 
type. Trambouze, ct a l.,9 made measurements of

(1) O. Johnson, J. Phys. Chem., 59, 827 (1955).
(2) G. A . Mills, E .  R. Boedeker and A . G. Oblad, J. Am. Chem. Soc., 

72, 1554 (1950).
(3) H. A .  Benesi, J. Phys. Chem., 61, 970 (1957).
(4) M. W. Tamele, Disc. Faraday Soc., 8, 270 (1950).
(5) T. H. Milliken, ibid., 8, 279 (1950).
(6) R. C. Hansford, Advances in Catalysis, IY ,  1 (1952).
(7) J. E. Mapes and R. P. Eischens, J. Phys. Chem., 58, 1059 

(1954).
(8) R .  G. Haldeman and P. H. Emmett, J. Am. Chem. Soc., 78, 2917 

(1956).
(9) Y .  Trambouze, L. DeMourges and M. Perrin, J. chim. phys., 51, 

723 (1954).

Lewis and Bronsted acid concentrations by room 
temperature titrations; they found an increase in 
the former upon heating to successively higher 
temperatures, the sum of the two types remaining 
constant.

It appears most likely that in actuality silica- 
alumina contains, at least potentially, both Lewis 
and Bronsted acid sites, the actual amounts of the 
two types depending upon the degree of hydration. 
That there is an effect of water on the activity of 
silica-alumina is well-known.10-13 The possibility 
exists that a similar effect may be observed with 
other types of acidic oxide catalysts. The work 
reported here is an attempt to classify catalysts 
according to Bronsted acid activity as defined by 
the rate of a catalytic reaction which is believed to 
be catalyzable only by Bronsted acids, e.g., the 
dealkylation of aromatics. A  classification of 
Lewis acid activity by a catalytic reaction would 
be more difficult; a paraffin, for example, can be 
converted to a carbonium ion by hydride abstrac
tion by a Lewis acid, or by proton donation from 
a Bronsted acid to a small amount of olefin pro
duced by thermal cracking.

II. The Aromatic Dealkylation Reaction
Not only is the catalytic dealkylation of cumene 

a very rapid reaction, but it is highly selective; 
furthermore, the rate does not decrease with time 
due to coke formation.14-16 It is therefore well 
suited for a test reaction. One of the drawbacks 
to the use of cumene is, however, the fact that hy
droperoxides can form fairly easily, and serve as 
inhibitors.15 For this reason, and because its rate 
of reaction is much higher (ca . 10 X ), we have chosen 
to use Lbutylbenzene (TBB ).

It is generally believed, although without direct 
evidence, that this reaction is catalyzed by a 
Bronsted acid, so that the rate of reaction can 
serve as a measure of Bronsted acid activity. A  
mechanism not involving proton transfer does not 
appear reasonable in view of the effect of hydrocar
bon substituent on dealkylation rate16 and in view

(10) R. G. Haldeman and P. H. Emmett, J. Am. Chem. Soc., 78, 
2922 (1956).

(11) R. C. Hansford, Ind. Eng. Chem., 39, 849 (1947).
(12) R. C. Hansford, P. G. Waldo, L. C. Drake and R. E. Honig. 

ibid., 44, 1108 (1952).
(13) S. C. H indin, G. A . M ills  and A. G. Oblad, J. Am. Chem. Soc.. 

73, 278 (1951).
(14) R. W. Maatman, R. M . Lago and C. D. Prater, Advances in 

Catalysis, IX ,  531 (1957).
(15) C. J. Plank and D. M . Nace, Ind. Eng. Chem., 47, 2374 (1955).
(16) B. S. Greensfelder, H. H. Voge and G. N. Good, ibid., 37 , 11G8 

(1945).
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of the effect of aromatic substitutions on the crack
ing of unsymmetrical diarylethanes.17 In addition, 
our own observations of the effect of added water in 
certain cases support the viewpoint of proton 
transfer.

The kinetics of cumene dealkylation over silica- 
alumina catalyst have been discussed by Prater 
and Lago.18

The following scheme is believed to represent the 
steps involved in dealkylation; this essentially 
follows Prater and Lago, except that the first step 
of adsorption of reactant is included here

TBB(gas) — > TBB (adsorbed) (1 )
TBB(adsorbed) +  H+(catalyst)---->  protonated TBB

(2)
The protonated TBB ultimately decomposes, 

perhaps by way of ir and o- complexes; regardless of 
the details, the over-all reaction in this step will be

CH3

k \
Protonated TBB — >  CH3—C—CH3 +  benzene (3)

The catalyst acid is regenerated by step (4)
CH3 c h 3

I !
C'Hj— C— C H j >  C IT- C -  CH2 +  H+(catalyst) (4)

Step (2), that of proton transfer to the hydro
carbon, is the important one as far as the catalyst 
acid is concerned i f  we can assume equilibrium in 
the adsorption steps. The equilibrium constant of 
this step, K , is a measure of the strength of the 
acid, when working with a given base (hydro
carbon). K  will have a temperature-dependency 
of the form

K  =  F e - n / R T  (5)

where F  is a constant containing the entropy of 
interaction, H  is the heat of reaction. Since en
tropies of interaction between a given base and a 
series of acids tend to be constant, the heat of inter
action is a measure of acid strength.

In carbonium ion chemistry the formation of the 
catalyst complex has never been found to be the 
rate-determining step. The rate-determining re
action will then be steps (3), with the rate given by

Since

Then

Rate = /( (protonated TBB)

(Protonated TBB)K. =  ------------ TV-------------

Rate = kB„K

(6)

(7)

(8)
where B 0 =  number of sites. This is essentially 
the equation proposed by Prater and Lago except 
that the interaction-equilibrium constant, K ,  has 
replaced their adsorption-equilibrium expression. 
Since

k  = D e -E / R T  (9)

where D  contains the entropy of activation and E  
is the energy of activation

(17) D. R. May, K . W. Saunders, E. L. Kropa and J. K . Dixon, 
Disc. Faraday Soc., 8, 290 (1950).

(18) C. D. Prater and R, M . Lago, Advances in Catalysis. VITl, 293 
(1956).

Rate = B 0D F e ~ ( .E + H ) /R T  (10)
The observed activation energy, 7%. will then be 
E + I I .  E & is obtained from the slopes of log rate 
vs. 1 / T  plots, log A  from the intercepts, where A  
is the pre-exponential factor, B 0D F . If it can be 
assumed that the entropy factors are constant, 
then variations in A  are due only to B 0, the number 
of acid sites. Since E  will probably be the same 
for all catalysts, differences in E & will represent 
differences in H , or acid strength of the surface 
sites.

III. Experimental and Data Analysis
A. Equipment and Procedure.—The measurements are 

obtained in a differential reactor, that is, at low conversions 
and high space velocities. The advantage of a differential 
reactor system is that kinetic data can be obtained with 
a single run, since conversions are so low that composition 
of the vapor is relatively unchanged; in an integral reactor, 
composition changes through the bed, so that runs at several 
space velocities must be made zo obtain kinetic data.

In a differential reactor system one measures the rate of 
formation of product, not the degree of conversion. The 
observed rates equal the rate constants of the reaction. 
The present equipment is suitable for a reaction which pro
duces a gaseous product from a liquid; the rate of gas 
production is measured. Whereas it was desired to hold 
conversions at the 1 % level, in actuality some catalysts 
(e.g., silica-alumina) were so active that even with 50 mg. 
of catalyst and TBB flow rates of 5 ml./min. conversions 
approaching 10% were obtained. However, this level does 
not markedly affect the results.

The apparatus is depicted in Fig. 1 . 50-500 mg. of 
catalyst, ground to pass 250 mesh, are placed in the reactor 
at the tip of the thermowell, supported by a small quantity 
of glass wool. Tabular alumina is placed above the cata
lyst, to serve as preheat; no reaction is observed over tabu
lar alumina in rhe absence of catalyst, below 500°. The 
reactor is surrounded by a fluidized sand-bath, to minimize 
temperature gradients, the whole being placed in a 2 " 
Hoskins furnace, controlled by a Gardsman temperature 
controller. Catalyst samples are prepared for testing by 
drying the ground and sieved catalyst in flowing dry air, 
3 hours at 565°; they are then stored in a desiccator until 
read}' for use.

After charging the system with catalyst, the latter is 
dried in situ with flowing dry N2, either 1 hour at 482° or 
12 hours at 565°; no differences in activity resulted from the 
two types of drying, as the data plots demonstrate. The 
nitrogen also serves the purpose of flushing air from the 
system before starting hydrocarbon flow.

The catalyst is then cooled to the appropriate tempera
ture, N-2 flow stopped, and TBB flow' started, normally at 
5.0 ml. liquid/min.; some runs at 4.0 ml./min. were made. 
A Corson-Cerveny bellows pump is used to feed the TBB. 
A 5-10° drop in temperature will be observed, due to 
vaporization, before the temperature is lined out. The 
reactor effluent passes through a helical cooler held at 190- 
2 0 0 ° by means of an external winding, thence to the U- 
tube used for the liquid-gas separation. The latter is 
held at, or close to, the boiling point of TBB (179°), to 
minimize solution of isobutylene in the liquid; control of 
this temperature is very critical to precision of the data, 
since too low a temperature wall permit isobutylene to re
main in the liquid, while at too high a temperature the 
constant-level liquid seal will not be maintained. Liquid 
overflowing the U-tube drains off in one direction, to be re- 
purified later, while the gas passes in the other direction 
through a condenser to remove benzene, thence to the buret 
whore it is collected over water. Rate measurements 
are made using a stopwatch to time the evolution of a meas
ured volume of gas. Gas volumes are corrected to standard 
conditions, and the rates expressed as cc.(STP)/g./min. 
It is assumed that the gas is 100% isobutylene. Periodic 
mass spectrographic analyses show its concentration always 
to be greater than 96-97%. a difference less than other ex
perimental errors.

As shown ir. the drawing, provision is made for the addi
tion of water at very low flow rates, by means of an Aminco 
Compensator. This consists of a motor-driven ground-glass
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Fig. 1.—Differential reactor system for ¿-butvlbenzene 
dealkylation.

syringe, with graduations, connected to the reactor by 
means of hypodermic tubing which passes through a rubber 
stopper into the top of the reactor; the end of this tubing 
contacts the wall of the reactor, to avoid surges due to drop 
formation at the tip. Water rates from 0.8-12.1 ml./hr. 
are obtained, by varying the size of the syringe and the gear 
ratio of the motor. To avoid excess ebullition in the U-tube 
when using water, excess water is removed periodically 
through the drain stopcock.

Normally, rate measurements on the same charge of 
catalyst, at the same temperature, are made with varying 
water rates; some runs were made starting dry, then going 
to different water rates, while for others the reverse procedure 
was used. It cannot be stated for certain whether the 
previous water history has an effect on the rate at a given 
water level. In practice, all data for a given catalyst at a 
given water level are grouped.

The dealkylation reaction is unique among cracking re
actions in that activity usually does not decline with time 
due to coke; this has been discussed earlier. After an initial 
period of high activity the rate becomes constant for at 
least an hour or so. Our practice has been to take four to 
six rate measurements over a period of 30-60 min., and aver
age the results. This serves the purpose of checking on 
constancy. Certain catalysts wall rapidly lose activity 
when run in the absence of added water, as will be discussed 
later.

As a simple means of obtaining data as a function of tem
perature, it was hrst thought to make rate measurements 
at successively higher temperatures with a single catalyst 
charge. However, not only was the reproducibility very 
poor, but rates at the higher temperatures were lower 
than for a series in which separate charges of catalyst were 
used for each temperature. All data reported here were 
obtained by using fresh catalyst for each run at a single 
temperature. Temperature was varied from 260 to 500°, 
with most data in the 300-450° range.

TBB is obtained as the Pure Grade from Phillips, and is 
further purified by refluxing with liquid sodium, and distill
ing at atmospheric pressure, discarding 5% at either end; 
just prior to use it is passed through a column of F-20 alu
mina. Reactor effluent, containing perhaps 5% benzene, 
is recovered for further use by distillat ion at sub-atmospheric 
pressure in a 2" Stedman column, at 2 1 / 1  reflux ratio; this 
also is passed through an alumina column just prior to use. 
Chromatographic analyses of the purified materials indicat e 
a purity of at least 99.95%.

B. Treatment cf Data and Error Analysis.—The errors 
in these measurements are such that it is difficult to distin
guish small differences between catalysts or between water 
vapor levels by comparing single runs, but even relatively 
small changes in activity due to changing water levels can 
be observed in a single run. The chief source of error is 
probably the liquid-gas separation; 0 . 1  mole % isobutylene 
in the effluent leads to an error of 15 to 150 cc. (STP)/ 
g./min., depending on catalyst weight. At one time, small 
differences in the state of hydration were felt to be re
sponsible; this was ruled out by the observation that wide 
variations in the severity of the in  situ pretreat seem to 
have no effect.

The data for each water level and each catalyst wrere fitted 
to an Arrhenius equation (log rate vs. 1 / T )  by least squares. 
This calculation provides values for E a, log A ,  and for the 
standard deviations of A'a, log A  and of log rate. (The 
standard deviation of the observed rates from the least 
squares line has no meaning, since rates in a given set vary 
over a 50-fold range.) The standard deviations correspond 
to variations in the rates which average about 35%.

C. Catalysts.—A listing of the catalysts used for this 
work may be found in Table I, together with some of their 
properties. Surface areas and pore volumes were obtained 
from nitrogen adsorption-desorption isotherms; by appli
cation of a modified Barrett-Joyner-Halenda calculation19 

the desorption isotherms were converted to pore volume 
distributions, from which the positions of the peaks were 
taken as the most probable pore radii. One may note 
the fairly good agreement between this value and that 
of the average calculated from area and pore volume.

T a b l e  I
C a t a l y s t  P r o p e r t ie s

Catalyst

Area
( m . y

g .)

Pore
v o lu m e
( c c . /g . )

Pore radius, A. 
Most

Av.c probable &

n-B u ty l- 
amine 

titra tio n  c 
(m e q . / f î . )

Nalcat Si-Al : HA 385 0.87 45 52 0.45
Nalcat Si-Al:LA 637 .80 25 25 .30
Acrocat Si-Al:LA 676 .44
Nalcat 0783-mixed 

base 2 6 6 . 7 2 5 4 60 .265
Clay-K 1 3 4 . 3 0 4 5 (Broad) .16
Boria-alumina 3 9 4 .74
Silica-magnesia,

XDA-30 5 9 9 .535 18 2 2 . 6 9

Silica-alumina-
zirconia 442 .73 33 33 .25

Clay-M 330 .41 25 (Broad) .175
° Calculated as 2 X  (pore volume/area) X  104. b Cor-

responding to peak position in pore volume distribution. 
c Cf. ref. 3.

Also shown are the values obtained by ra-butylamine 
titration following the technique of Benesi. 3 For the silica- 
aluminas, silica-zirconia-alumina, and boria-alumina, the 
titer tvas nearly independent of indicator p K ;  for the rest, 
the titer listed was that corresponding to the most basic 
indicator, that of p K  = 4.0.

Most of the catalysts are commercially available, as indi
cated in Tables I and II. HA refers to high-alumina (nomi
nally 25%), LA to low-alumina (12-13%). Clay-K and 
Clay-M are kaolinite- and montmorillonite-based catalysts, 
respectively, received from the Filtrol Corporation.

The boria-alumina was prepared by precipitating sodium 
borate with aluminum sulfate, washing, drying, calcining 
at 560°; it contains 10% B20 3. Silica-alumina-zirconia 
was prepared from a silica hydrogel, by adding a solution of 
zirconyl nitrate and aluminum chloride, then ammonium 
hydroxide, washing free of chloride, drying, calcining at 
560°. It contains 7.25% Zr02 and 3.35% AI2O3 . Fluo
ride-aluminas were prepared from calcined aluminas pre
pared by precipitation from the chloride by impregnation 
with ammonium fluoride solutions and subsequent calcina
tion.

IV. Results
The complete data for HA silica-alumina (Si-Al) 

and for silica-magnesia (Si-Mg) are shown in Figs. 
2 and 3, respectively, as typical examples; similar 
plots were used for the other catalysts. The same 
results are obtained whether the in  situ  pretreat
ments were carried out at 482° or at 565°. Table 
II summarizes the results of the least-squares anal
yses of all the data, including rates at the arbitrarily 
chosen temperature of 455°.

(10) A. Wheeler, “ Catalysis,”  Vol. I I ,  ed. by P. H. Emmett, Rein- 
hold Publ. Corp., New York, N. Y ., 1955, p. 105.
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Catalyst

Nalcat Si-Al-HA 
Naloat Si-Al-HA 
Nalcat Si-Al-HA 
Nalcat Si-Al-HA 
Nalcat Ai-Al-LA 
Nalcat Si-Al-LA 
Nalcat Si-Al-LA 
Acrocat Si-Al-LA 
Nalcat #0783—mixed base 
Nalcat #0783—mixed base 
Nalcat #0783-—mixed base 
Clay-K 
Clay-K 
Clay-K
Boria-alumina 
Silica-magnesia 
Silica-magnesia 
Silica-magnesia 
Silica-magnesia 
Silica-magnesia 
Silica-alumina-zirconia 
Silica-alumina-zirconia 
Silica-alumina-zirconia 
Clay-M 
Clay-M
Clay-M 15
Clay-M 26

a Cc. (STP)/g./min. 6 Kcal./mole.
With the exception of that for Clay-M, the acti

vation energies are approximately the same for all 
catalysts; this is particularly apparent when com
parisons are made a constant water level, such as 
15%. There appears to be a tendency for the 
activation energy to increase slightly with increas
ing moisture; at the same time, log A  increases. 
For any given catalyst, a plot of f?a vs. log A  is 
approximately linear, an example of the so-called 
“ compensation effect.” 20

Reaction rates themselves provide a better 
means of rating catalysts in this case than considera
tions of the kinetic factors, since small changes in 
E  or log A  may markedly affect the rates. On this 
basis the order of decreasing activity is: silica- 
alumina, mixed-base, Clay-K, boria-alumina, silica- 
aluminum—zirconia, silica-magnesia, Clay-M. This 
agrees with the ratings observed by cumene de
alkylation for some of these by Swegler, et a l.n  
Water has little effect on silica-alumina activity 
until the 15% level is reached, beyond which fur
ther water lowers activity. No effect is apparent 
for Clay-K, mixed base, or silica-alumina-zirconia, 
although experiments beyond 15% water were not 
carried out. There is apparently a definite altho; >gh 
small effect of water on the activity of Clay-M  
which increases with increasing water to a constant 
level. The effect is much more pronounced with 
silica-magnesia for which a twofold increase in

(20) E. Cremer, Advances in Catalysis, VII, 75 (1955).
(21) F. W. Swegler, R. L. Golden, R. M. Lago, C. D. Prater and 

P. B. Weisz, A.C.S. Meeting, Petroleum Division, April, 1950.

Activation energy b 
Value Std. dev.

0.7 
0.8 

;i.5 j 
(4.0)
2.9
2.4 
1.6
1.9 

(1.5)
2.0
1.5
1.4
1.9
1.5 
1.7 
1.0
1.9 
0.9 
0.9

(1.3) 
1.0 
0.7 
0.9 
0.8 
1.1 
1.2 
1.2

Fig. 2.—i-Butylbenzene dealkylation NALCAT HA, Si- 
Al, 25% A1203.

activity was observed on going from 0 to 15% water; 
again, at the 18%  level there was a definite decrease. 
For both of these catalysts the increase in activity 
on going from no water to a given water level 
was more apparent during a given run than is the 
comparison of the correlated data from a number of 
runs. This is because in any given run the varia
tions in rates during the run were less than the 
variations between runs. Not shown is the effect 
of water on boria-alumina, since a. marked decrease 
in activity, due to boria removal, was observed.

Another effect of water should be mentioned 
which is not apparent from the data as presented. 
That is, for the two catalysts for which water is

T able  II

Sum m ary or D ealkylation  R ate D ata
Mole No. of •------Reaction rate«1------ .

% exptl. L.S. Value
ILO  points at 45û°

0 18 1550
6 12 2060

15 4 1980
18 3 990

0 6 1600
6 6 1700

15 6 1800
0 9 1750
0 4 740
0 6 760

15 6 760
0 12 440
6 10 410

15 11 490
0 5 216
0 20 67
2 5 90
6 10 127

15 5 175
18 4 87
0 6 171
6 6 148

15 6 172
0 18 74
6 17 96

15 107
5 100

Std. dev. Pre-exp
log rate Value

0.099 7.40
.079 7.87

( .09) 8.2
( -17) 8.7

.20 8.72

.17 8.49

.11 8.26

.17 7.61
( .052) 6.6

.13 7.98

.098 8.14

.17 7.17

.17 6.77

.18 7.53

.093 7.18

.16 5.84

.072 5.62

.11 6.62

.067 6.98
( .05) 7.2

.071 6.54

.048 6.59

.060 7.15

.13 5.02

.15 5.15

.15 5.60

.080 4.96

term, leg A 
Std. dev.

0 24 14.0
0.27 15.2

(0.5) 16.2
(1.4) 19.0
0.99 18.4

.82 17.5

.54 16.7

.65 14.6
( .48) 12.3

.65 17.0

.49 17.4

.49 15.1

.64 13.8

.53 16.1

.55 16.1

.33 13.4

.59 12.2

.31 15.0

.31 15.8
( .4) 17.5

.34 14.4

.23 14.7

.29 16.4

.27 10.5

.36 10.5

.40 11.9

.39 9.8
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Fig. 3.— i-Butylbenzene dialkylation XDA-30 Si-Mg.

found to promote the reaction, namely, silica- 
magnesia and Clay-M, it was frequently observed 
when running in the absence of water that the activ
ity was falling, to a much greater extent than with 
the other catalysts. This effect was not observed 
in the presence of water. It is possible, therefore, 
that gradual dehydration of the catalysts during 
processing is responsible for activity loss.

Alumina is at best only slightly active for de
alkylation. In the presence of water, transient 
rates as high as 10 cc.(STP)/g./min. at 455° were 
obtained using a pure alumina prepared by precipi
tation from aluminum chloride. Another alumina, 
prepared by aluminum isopropoxide hydrolysis, 
produced similar results.

Just as addition of silica or boria to alumina pro
duces catalytic acidity, so does the addition of 
fluoride ion, although for different reasons. De
alkylation activity increases approximately in pro
portion to the amount of fluoride added. However, 
this activity declines quite rapidly, in contrast to 
the constancy observed for the other catalysts, 
hence the data are not shown. The addition of 
water accelerates the decline in activity, by re
moval of fluoride; a similar situation was observed 
in the boria-alumina system.

V. Discussion
It seems perfectly clear from the fact that these 

catalysts possess dealkylation activity that Bron- 
sted acids of some sort must exist on the surfaces 
of each. If the severity of drying prior to each run 
were to be increased markedly to drive off firmly 
bound water no doubt the activity would decrease. 
The fact that m most cases the prior treatment with 
reasonably dry nitrogen failed to reduce activity 
indicates that these sites are quite stable. If one 
accepts the Tamele view of silica-alumina that 
Bronsted acids are hydrated Lewis acids, then the

water of hydration is very firmly bound; this is not 
too surprising. Additional evidence for this strong 
binding may perhaps be the observation that high 
partial pressures of water failed to increase de
alkylation activity of silica-alumina or Clay-K; 
otherwise less strongly bound hydrates would have 
to be postulated.

The differences in activity among the various 
catalysts may be ascribed to differences in the pre
exponential factor and not. to the activation energy, 
except for Clay-M. Hence, it is most probable that 
B o, the number of sites per gram, is the factor re
sponsible for the different activities. Prater and 
Lago18 have as a matter of fact calculated a value 
of B o from cumene dealkylation data, using absolute 
reaction rate theory, which is in agreement with 
values obtained by quinoline adsorption.

Clay-M is known to require water during cata
lytic cracking for best performance. Silica-mag
nesia is known to be a material which is readily 
dehydrated and hydrated. Hence it is not too 
unexpected that one should observe an effect of 
moisture on the Bronsted acid activity of these 
catalysts. It is not necessary to postulate, how
ever, that Lewis acids are formed upon dehydration 
unless demonstrated by actual experiment, such as 
has been done for silica-alumina9; rather, one can 
only say at this point that Bronsted acid sites are 
lost upon dehydration. The water of hydration in 
silica-magnesia is less firmly bound than in silica- 
alumina.

An alternative way of expressing the effect of 
water is to consider that the rates observed are the 
results of both the log A  and the E a terms. Since 
both of these tend to increase somewhat with in
creasing water concentrations, whether or not a 
change in reaction rate occurs depends upon how 
well these opposing effects balance. Thus, they 
balance very well in the case of silica-alumina 
until an excess degree of hydration is reached, but 
not as well with silica-magnesia for which an in
creased activity is observed, again until over
hydration occurs. According to this picture, the 
presence of water vapor will cause the creation of 
more sites upon adsorption, but these sites will be 
weaker than the majority of sites already present.

It should be noted that there is no correlation 
among the various types of catalyst between de
alkylation activity and n-butylamine titer. Hence 
these techniques measure different aspects of cata
lyst surfaces.
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Methods used originally by Clausing to compute the chance of outflow at low pressure through cylindrical outlets have 
been extended and generalized in order to deal with the chance of outflow through a conical orifice, thè question of molecular 
flow through a sharp pipe bend, and the over-all chance that a molecule shall effuse in a typical set-up for measuring vapor 
pressures by the Knudsen effusion-weight loss method. Values of the chance of outflow in some typical instances are listed.

Although the Knudsen effusion method for 
measuring low vapor pressures has been much used 
in the past, it is only comparatively recently that 
particular attention has been focussed on the con
sistent errors with which it is always associated. 
Under ideal conditions, the saturated vapor in an 
enclosure effuses out through a perfect hole into a 
space where the pressure of vapor is zero, the vapor 
pressure then being calculated from the area of the 
effusion outlet and the rate of weight loss.

In practice, the effusion outlet usually takes the 
form of a short cylinder, though occasionally out
lets of conical form have been employed. Values 
for the chance of outflow for cylindrical holes of 
various length to radius ratios have been computed 
by Clausing,1 but the case of the conical outlet does 
not appear to have been treated.

This paper describes a generalization of the 
methods used by Clausing which can be used to 
deal completely with the problem of effusion from 
a cylindrical container with a small axial effusion 
hole, a matter which has received attention recently 
from Whitman,2 who describes an approximate 
treatment of the problem which is most likely to 
be in error as the area of the effusion hole is made 
smaller, relatively, and the vapor within approaches 
saturation. A somewhat similar treatment has 
been described by Motzfeldt,3 which includes a 
practical solution to the problem.

It has proved possible to deal not only with the 
above problem, but also to treat the problem of 
molecular flow through a conical outlet, and to 
examine the flow through a sharp pipe bend.

Matters will be dealt with in the reverse order to 
that given above, the question of the pipe bend 
being discussed initially, since in this instance the 
operations can be dealt with in a concise way.

Preliminary Discussion.— As in the treatment of 
Clausing, the function BbS<S(:r) is defined as the 
chance that a molecule passes through a circular 
disc of radius R  and enters another similar disc at 
distance x , without collision with other molecules 
or surfaces.

Figure 1 shows the coaxial discs S enclosed by the 
spherical surface ABCDEF. The chance W iS S (x ')  
is given directly by the ratio of the spherical surface 
ABC to that of ABCDF provided that the cosine 
law for emission of molecules applies, for when this 
is so, molecules emitted through the plane FD from 
surface DEF land evenly over the remainder of the 
spherical surface.

In terms of the dimensions x , and R

(1) P. Clausing, Ann. Physik, 12, 961 C1932).
(2) C. I .  W hitman, J. Chem. Phys., 20, 161 (1952).
(3) K . Motzfeldt, J. Phys. Chem., 59, 139 (1955).

WSS(x) =  1 +  x 2/2R 2 -  (x/2R 2) ( x 2 +  4 £ 2)V2
The chance of direct motion from a disc S on to a 

ring of width d.r and radius R  distant x  from S, is 
WSR(a-), and is given by

WSR(r) =  -  A  [WSS(i)l

and is related to the chance of motion in the oppo
site direction, WRS(n), by

R 2 WSR(x) =  2R  WRS(x)dz
since in a closed system the rate of passage from ring 
to disc must equal that from disc to ring.

Finally, the chance of direct motion from one 
ring of radius R  and width d.r, to a similar ring at 
distance x , WRR(.r), is given by

W RR (x) =  -  ~  [WRS(z)]

Molecular Flow through a Sharp Pipe Bend.—
The relation for WSS(x) in terms of x  and R  will 
apply equally well if the surfaces S are not coaxial, 
and they might well be disposed as in Fig. 2, where 
they meet at an angle 6, such that tan 9/2  =  x / 2 R .  

Hence, in terms of 6

WSS(0) = tan20  -  0)/4 (1)

Also

WSR(0) = -  ‘4  WSS(0) =(lu
ValtanfTT — 0)/4 +  tan3(r — 0)/4] (2)

Since the molecules which arrive at a ring defined 
by an angular increase 10, land on an area given 
by 2 ir R ‘id 9, then

2WRS(0)d0 = WSR(0) (3)

Figure 3 shows a sharp pipe bend of total angle 
6, with one ring formed by the increment d^ 
at angle p  from the exit, and two other rings which 
make angles of X and p  with that at p .

If n  is the rate at which molecules arrive per unit 
area at the entrance to the bend, then the rate of 
exit of those molecules which never collide with the 
walls is

irKhri WSS (0)
and, if n^, is the rate at which molecules leave unit 
area of a ring at p  as shown in Fig. 3, then the rate 
at which they emerge from the exit is 

27rR2?ty.WRS Wdif'
and the total efflux from the pipe walls will lie

2 irR2 WRS (y) rupdip irR1 n^WSRffUd^

(from eq. 3)

Since the ideal outflow rate would be ir R -n  mo
lecules sec.- 1 , then the over-all chance of outflow 
W e  is given by
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We =  WSS(0) +  J 'J  (n * /n )W S R W df (4)

so the problem reduces to finding the manner in 
which n^/n varies along the bend.

Initially, a linear variation of n^/n is tried, with 
the added proviso that the value of n^/n at V i s  
exactly 0.5, for it is clear from the symmetry of the 
problem that in a completely closed system the ar
rival rates at a central ring will be equal from both 
sides, not only for those molecules which arrive 
from the rest of the walls, but also those which come 
in directly from the ends; with one end open, the 
arrival rate is then halved.

For this reason, the tentative relation
nt/n =  Vs — ‘A b +  b(ip/0) (5 )

is assumed, and its validity then is checked as 
shown below.

The rate at which molecules arrive at a ring of 
area 27r/22di6 at angle \p, is composed of four terms

?rR2ftWSR(0 — ip) from below

J  27rii2»^_^WRR(ii)d^ from rings between 0 a n d  ip

2irR-n$+ xWRR(X)dX f r o m  rings b e tw e e n  ip  a n d  d

This combined arrival rate must equal that of emis
sion, 2 T R 2n ,̂d\p, so that

n<p/rt =  WRS(0 — ip) +  (n^-^/n)WRR(ix)d/t +

J (r^+x/n)WRR(X)dX (6)

After inserting the value of n^/n from (5) into
(6) and integrating, it is found that the right- 
hand side exceeds n^/n by Ep, where
2E +  = WRS(0 -  ip) -  WRS (ip) +  blW R SM  -

WRS(0 -  ip) +  (l/6>)}WSS(.p) -  WSS(9 -  ./))] (7)

Inspection of (7) shows that Ej, always vanishes 
when ip =  y 2 6 and the values of the coefficients in
(7) are also symmetrical about this point.

For this reason some five values of \p are chosen in 
the interval up to y 20 and the coefficients of the 
terms on the right-hand side of (7) computed, to 
give five equations, for which a value of b which 
minimizes E.j, is found by the method of least 
squares.

Table I below shoŵ s the results for such an opera
tion for a right angle bend.

T able  I

T e s t  o f  I n t e g r a l  E q u a t io n  6 :  V a l id it y  o f  E q u a t io n  5 
B e n d  an g le , 9 0 ° ;  b =  0 .4 1 5 1 9  (e q . 7)

(degrees) 0 10 20 30 40

n t / n  0 .2 9 2 4  0 .3 3 8 5  0 .3 8 4 6  0 .4 3 0 7  0 .4 7 6 9
E +  - 0 . 0 0 1 2  + 0 . 0 0 0 5  + 0 .0 0 1 1  + 0 .0 0 0 9  + 0 .0 0 0 3

The table shows that the tentative relation (5) 
expressing the variation of n^/n is quite adequate, 
for the values of E^ never exceed about 0 .3 %  of 
np/n at any point.

By insertion of the value of b, computed from 
equation 7, into (5), which in turn is combined with
(4) gives by integration 
Wo =  y 2(l — b)scc2(w — o)/ 4 +

(46/0) [1 — tan(7r — 0)/4] — b (8)

Table II lists values of W e  obtained in this way, 
together with values of W  for straight tubes ob
tained by graphical interpolation from the values 
given by Clausing, assuming that the bend has been
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straightened out to give a tube of length to radius 
ratio of 8.

T a b l e  II
C h a n c e  o f  O u t f l o w  f r o m  a  T u b e  B e n d

Bend angle
(0, d e g . )  3 0  0 0  9 0  1 2 0  1 5 0  1 8 0

We (eq. 8) 0.7919 0.6497 0.5467 0.4688 0.4089 0.3629
W  (Claus

ing) 0.792 0.651 0.570 0.502 0.451 0.410

The values listed support broadly the contention 
that the insertion of a bend into a low pressure line 
has little effect on the resistance to pumping, for it 
is seen that for bends up to 90°, replacement of the 
bend by its equivalent straightened length scarcely 
alters the chance of outflow, though for bends of a 
larger angle there appears to be a comparatively 
small increase in resistance to flow, as compared to a 
straight length.

Effusion from a Conical Outlet.— An approximate 
solution to the problem of effusion from a conical 
outlet can be derived simply by using the chance 
function WSS(z) mentioned at the outset. Figure 4 
shows an arrangement where the conical outlet of 
semi-angle ¡3, entrance radius r, exit radius R , and 
length L , drawn in full line, is enveloped by the 
spherical surface drawn in broken line, the latter 
being then divided into three zones of areas A , B  
and C, respectively.

The approximate solution is then derived by 
replacing the conical outlet by the portion B of the 
spherical surface which it closely resembles, partic
ularly when the outlet is short.

The whole chance of emergence is composed of 
two portions, for a molecule may emerge after colli
sion with the wall, or may emerge as part of a beam, 
without wall collision. The latter chance W b  is 
given directly by

W  b =  C /(B  +  C) 

and the former, JFW, by

ip — ___ 11.________' ___
w (B  +  C) {A  +  C)

where the first term in the product is the cliancc of 
landing on the wall, and the second, the chance that 
a molecule on the wall shall emerge through C. The 
whole chance of emergence W <} is then given by

n A _L_ T) f1
W < =  +  W ~ =  B  +  C  X  “ T A T S -  (9)

1F<, is best represented in terms of the two angles 8 
and ip showm in Fig. 4 and is then given by

w  =  ( l  +  co s  e )____________2____________,
<  (1 +  c o s  <p) ( 2 — co s  ¡p +  co s  (?)

where
cot p — tan /3 -f- (L/2r)(l +  tan2/S) =  (R2 +  L2 — r2)/2rL

tan 0 = 1 +  (L/r) tan |3
tan /3 +  {L/2r) (tan2 /3 — 1) =  2LR/{R2 -  L2 -  r2)

It remains to discover the limits of applicability 
of the approximate equations 9 and 10, and for this 
reason a more thorough analysis of the position has 
been undertaken using methods similar to those 
described in the previous section, for the case where 
the semi-angle of the cone is 45°, since here a con
siderable simplification of the mathematics is possi

ble; a semi-angle of 453 is assumed in the discus
sion which follows.

The function WSS(.r) already noted can be 
modified to the form YVSs(.c) the chance of direct 
motion downwards from the larger disc S of radius 
R , to the smaller coaxial disc s of radius r, at dis
tance x , as shown in Fig. 5 

In terms of R , r and x
\VSs(x) =  (R -  +  r2 +  x2)/2U2 -

(1/2R 2) [ ( R 2 -  x2 -  r2)2 +  4x2R2] •/» (11)
In the case of the outlet with the 45° cone 

R  =  r +  x
and as before

-  ~  WsS(s) =  WsR(x) ax

but the molecules landing on the ring defined by the 
increment in axial distance dr, in fact land on an 
area of 2 v /27r(r+r)dr. so that

r2WsR(x) =  2\/2(r +  x)W Rxs(x)dx
where R x is the cone radius at distance x .

By a procedure analogous to that used in deriving 
equation 4 it is founc that the over-all chance of
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downward motion through the convergent cone W >, 
as in Fig. 5, is given by
Wfy =  WSs (L) +

i.e.

Wi>

{ l / R i } )  ^  2 \/2(r F  x )W H x n (x ) (n x / n )d x  

= ( ? '2/ / 2 l 2)  [ 1 — J'y WsRx(x)(l — J ix / n )dx] (12)

Since the value of the emission rate per unit area 
n K, at distance x  along the wall of the outlet cannot 
be much less than the corresponding value n, at the 
entrance to the cone, then the final integral in (12) 
is quite small and can be evaluated graphically 
without serious error.

From Fig. 5 it is seen that the arrival rate of 
2 v /2ir(r+.'c)nxd;c molecules sec.^1 at the ring at 
distance x, is composed of arrivals from the upper 
entrance, from the series of rings y, between 0 and x  
and the series z, between x  and L . Consequently,

iix/n =  WrxSi XL — W R jfx- y (y) (nx-  y / n)dy +

Wi xRx+ Rz) (nx+Jn)dz

and assuming the relation
nx/n =  a F  bx F  ex2 (13)

for the variation of n j n  along the outlet walls, 
inserting into the integral equation above, and 
rearranging, it is found that the right hand side 
exceeds n^/n by the amount E x, where

Ex = WrxH,.(L -  x) -  a [ l  -  f j  WR*rx-y(z/)ilj/ -

f y ~ X 'Wr,lW.(*)«ls]

-  b -  J'Q WRxTx-y(y) (x -  y)dy -  

j " y  WrxRx+iW(* F  z)dẑ J

-  e [ x 2 -  J y  WRxrx_y(,)(x -  y)H\y -

J y ~ X WrxRx-i >(z)(x +  2)2dzJ

which may be put into the form
Ex =  Kx F  OjA x F  bBx F  cC x (11)

After graphical integration of the terms in the 
equation above at from four to six points along the 
cone, values of a, b, and c are computed to minimize 
A'x in equation 14 above.

When L  = 0.8, and with five points along the 
outlet for which x =  0.0, 0.2, 0.4, 0.6 and 0.8 unit, 
respectively, the values of E x are —0.0007, +  
0.0052, -0.0002, F0.0022 and -0.0009 unit, 
respectively, thus showing that equation 13 for 
nx/n  affords quite an accurate estimation of the 
position. The values of the constants a, b and c, in 
this case are 0.8388, 0.3755 and —0.2814, respec
tively.

Recalling that the chance of downward motion 
through the convergent cone W > and the chance of 
upward motion W < are connected by

r2w <i =  R m v >

and with the help of equations 12 and 13, it is found 
that

W<i =* 1 — J"y WsRx(l — a — bx — cx2)dz (15)

Table III shows values of W <, computed from 
the more exact equation 15, and from the approxi
mate equation 10, together with those listed by 
Clausing (IF), which refer to a cone angle of zero.

T a b l e  III
C h a n c e  o f  E m e r g e n c e  W  f r o m  a  D i v e r g e n t  C o n i c a l

L/r it'< ( e q .  10)
O u t l e t

T T < ] ( e q .  1 5 ) W ( C l a u s i n g )

0.2 0.9910 0.9902 0.9092
.4 .9865 .9862 .8341
.6 .9845 .9840 .7711
.8 .9838 .9828 .7177

1.0 .9838 .9783 .6720
2.0 .9866 .9720 .5136
3.0 .9913 .9662 .4205
4.0 .9937 .9609 .3589

It will be noted that the values of W ^  remain 
quite high even at comparatively large values of 
L/r, particularly when compared with those for 
cylindrical outlets.

It is concluded that the simple approximate pro
cedure for the computation of IF<j using equation 
10 is quite adequate when the cone angle is 45° or 
greater, and the length to radius ratio no greater 
than unity, for the approximation becomes more 
exact as the cone angle is increased.

Although conical effusion outlets have been used 
in several instances, it is rare to find their dimen
sions quoted, as is the case with a determination of 
the vapor pressure of rhenium silicides by Searcy 
and McNees,4 who used one cylindrical and three 
conical outlets having the dimensions shown in 
Table IV.

T a b l e  IV
D i m e n s i o n s  o f  E f f u s i o n  O u t l e t s

(Searcy and McNees), (Dimensions in mm.)
L 1.85 l . 10 2 .00 3. 71
r 0.94 l . 635 2. 36 2. 125
u 3 .39 2, 855 4 .59 2. 125
0 (dog.) 5:5 48 48 0
L/r l .97 0. 07 0. 85 1 .74
T « 0 . 995 0. 987 0 .987
W 0 .510 0 752 0. 706 0. 546

In the table, L  is the length of the outlet,, r, the
(smaller) entrance radius, and R  the outlet radius.

Values of TF<, are computed from equation 10, 
while those for IF are interpolated from values 
listed by Clausing for cylindrical tubes with the 
values of L/r shown.

With ReSio all three conical holes were used and 
were assumed perfect (IF<, =  1) by the authors; 
all gave results showing very little scatter indeed 
when the usual plot of log p  against 1 /7 1 was made, 
indicating that the values of W < for all three were 
very similar despite the range both in hole areas 
and in L/r. Results for both Re3Si and ReSi showed 
a fair measure of scatter; for the former, two conical 
outlets were used, and for the latter two conical out
lets and the cylindrical outlet were employed. In

( 4 )  A .  W .  S e a r c y  a n d  R .  A .  M c N e e s ,  J. Am. Chem. Soc., 75, 1 5 7 8  

(1053).
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the latter instance although some of the results ob
tained using the cylindrical outlet (duly corrected 
for W )  lay within the scatter of those found for the 
conical forms, which amounted to about ±  10%, 
others were higher, particularly at the higher tem
peratures. They appeared less consistent among 
themselves, and seemed to he on a line of slightly 
different slope from those obtained with the cone 
outlets. As a result, no critical assessment of the 
relative values of W <  and W  can be made, though 
the high values of 11% for the conical outlets are to 
some extent confirmed.

Effusion from a Cylindrical Effusion Vessel with 
Small Axial Effusion Outlet.— Figure 6 shows a 
small perfect outlet s of radius r, at the center of 
the annular surface S, at the right hand end of the 
cylinder of length L  and radius R . A  ring of width
d.r, at distance x  from the exit hole at s, is shown. 
If the entry rate of molecules into S from the left is 
n  molecules sec.-1 cm.-2, and the emission rate per 
cm.2 at the ring d.r, at x ,  is n x then the chance of 
outflow Wo is given by 
Wo =  (722/r 2)WSs(L) +

(2R/r2) f L (nx/n ) WRs(x)dx (10)

for equation 11 applies here, and both r and R  are 
constants, while

R 2W S s(x ) =  r2WsS(x) 
and

-  [WSs(x)] =  WSr(x); -  [WsS(x)] =  Wsli(x) ax els
/¿2WSr(x) =  2j-WrS(x)dx; r2WsR(x) =  2/2WRs(x)dx
Consequently, equation 16 can be written

W o =  WsS(L) +  r  WsR(x)(nx/n)dx (17)

If, as is usual, S > > s , then n x/ n  cannot be much 
less than unity along the entire length L , with a 
minimum value when x  is a little smaller than
} 4 L ,  since WSR(.r) decreases quite rapidly as x  in
creases, and S  is a little smaller than S.

The tentative relation
nx/n =  a +  b{x/L) +  c(x/L)- (18)

is assumed for the variation of nx/n  along the 
length L ,  and is then checked as in the previous 
instance.

Before proceeding further, it will be helpful to list 
other chance functions and their interconnecting 
equations, for there are now three surfaces, S, S 
and s to be considered.
\VRS(x) =  WRS(x) +  WRs(x);

WSS(x) =  WSS(.r) +  WSs(x) 
R 2 WSR(x) =  (/i,2 -  r*)WSR(x) +  r2 WsR(x)
722 WSS(x) =  (R 2 -  rs)WSS(x) +  r2 \VsS(x)

The rate Z  at which molecules arrive at S is 
given by
X =  7rfl2n[WSS(L) -  WSs(L)] +

j T r n ^ \ l t -  VVSR(x) — ?-2 WsR(x)]dx

As a result, the ring at x  receives

f j  2trR VVRR(iO«x-y dy

molecules from rings between 0 and x,

Fig. 6.

f ,
L — x

2ttR W RR(z)ik+I dz

molecuhs from rings between x and L

WvSR(.x) and 7rS2nWSR(L — x )  molecules from 
S and S, respectively, and emits 2xffnxd.r mole
cules sec.-1 . Consequently

n x / n - f :  

f .

WllR(ÿ)(nx_y/w)dÿ +
L — x .

W RR(z)(nx+z/n)dz +  WRS(L — x) —

[R2/(R2 -  r!)lAWRS(x) [AWSS(ii) +

(2/72) (nx/n)WRS (x)dx] (19)

where AWSS(L) =  WSS(L) -  W Ss(L), etc.
The tentative solution for nx/n  of equation 18 

can now be tested by insertion in (19) above, and 
integrating. Most of the terms can be integrated 
by parts, though a few have to be dealt with 
graphically.

The error equation of the form
Ex =  K x +  a Ax +  bBx +  cCx (20)

then results, where E x is the amount by which the 
right-hand side of (19) exceeds n j n ,  as given by 
(18).

Values of the coefficients K x, A x, B x and Cx have 
been computed at each of eleven points equally 
spaced along a cylinder of length 2 and radius 1 
unit, with axial effusion holes of radii 0.1, 0.2, 0.3, 
0.4, 0.5 and 1 unit, respectively.

Solution of the eleven equations, by the method of 
least squares, for each hole size, leads to the values 
of a, b and c, shown in Table V, and the values of 
these constants, when inserted into equation 20, 
lead to the individual deviations D x, and to the
probable deviation D , shown in the table.

T xbi.b V
C o n s t a n t s  of E q u a t i o n  18, f o r  C y l i n d e r  w i t h  R =

Effusion
hole

(radius r) a

L =  2

Constali ts 
b C

Probable 
deviation 

( D)

0.1 0 19562 — 0.10979 0.01094 0.00126
.2 .96426 -  . C3244 .05233 .00167
.3 .92108 -  .06804 .11250 .00378
.4 .86396 -  .11030 .18816 .00661
.5 .79506 -  .14500 .26465 01029

1.0 .23851 .52914 -  .01212 .00270

By combination of equation 18 with 17, it is found 
that
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JVo — ce — (1 — a — b — c)WsS(L) -j-

(Jb/L +  2cx/L2) WsS (x) dx (21)

The final integral in equation 21 is quite small 
when It  »  r  and can be evaluated graphically. 
For example, when r/R =  0.2, the three terms in 
(21) are 0.96426, 0.00315, and 0.00299, respectively.

Table VI shows values of the over-all chance Wo 
computed in this way, together with those calculated 
from the relation developed by Whitman; the pro
cedure of Motzfeldt leads to the same result.

T a b l e  V I

T h e  O v e r - a l l  C h a n c e  o f  O u t f l o w  W0 f r o m  a

C y l i n d r i c a l  E f f u s io n  V e s s e l  ( R  =  1 ; L = 2 ) 

w it h  S m a l l  A x i a l  E f f u s io n  H o l e  ( r )
Hole

ra d iu s
(r) 0.1 0.2 0.3 0 .4 0.5 1.0

W0 (EW B) 0.99530 0.97040 0.93480 0.8890G 0.83546 0.51348
W'o (W, M ) 0.9906 0.9635 0.9215 0.8685 0.8083

It is considered that the uncertainty in the com
puted values of W 0 is somewhat less than the prob
able deviation shown in Table V, since the con
stant a is the major contributor to W 0 when R »  
r.

The case when R  =  r =  1 corresponds to the 
open tube discussed by Clausing, who reports a 
value of 0.5136 for Wo, in close agreement with that 
given above. Furthermore, the theory shows that 
in this instance the ratio n*/n at half distance 
along the cylinder should be exactly 0.5 (c f . the 
pipe bend mentioned earlier).

The values of a, b and c listed in Table V  give a 
value of 0.50004 for nx/n at half distance.

The Outflow through a Short Cylindrical Effusion 
Hole.— The extension of the computations to the 
case when effusion takes place through a short 
cylindrical outlet can be made with some certainty 
if the molecules which enter this outlet do so uni
formly over the whole of the entrance area. This 
is very nearly the case when r/ R  =  0.1, for here 
the minimum value of n j n  along the container is 
0.9934, so that conditions within are virtually those 
which obtain when the effusion vessel is part of a 
completely closed system and, when this is so, the 
nature and amount of flow from left to right is the 
same as that ir. the opposite direction.

The resultant chance for an effusion vessel with 
such an outlet will be IVoIFir to a first approxima
tion, where W u  is the chance of outflow for the out
let of length l and radius r. This is, however, an 
underestimate, for some of the molecules which col
lide with the walls of the outlet return to the nails 
of the container and so augment the arrival rate

With a short outlet, this increase will be small 
and leads to a further term IT0(1 — TVir)WRs(a;) on 
the right-hand side of equation 19. Revised con
stants a', b ' and c ' then lead to a more exact value 
for W o'.

When this cyclic approximation is applied to the 
case when R  =  1, L  =  2, with r  =  0.1 and l/r =  
0.5 (a value greater than would normally be used in 
practice), for which Ww  is 0.8013, and W 0 =  
0.99530, it is found that W o' =  0.99673, and W o "  
=  0.99670, for two cycles. The successive values

of Wo thus differ by little more than 0 .1 %  even 
with the comparatively large value of l/r chosen, so 
that with this and shorter outlets the resultant 
chance is quite adequately represented by W oW iT.

The Influence of the Evaporation Coefficient.—- 
Consider a plane surface of evaporating material 
placed across the entrance to the containing cyl
inder (Fig. 6), from which surface the emission rate 
is n  molecules sec.-1 cm.-2 and the outflow rate 
through the ideal hole is irrhcWo molecules sec.-1 .

If the maximum evaporation rate is n0 molecules 
sec.-1 cm.-2, and the evaporation coefficient is a, 
the emission rate of t R 2n from S is composed of 
r R 2noa molecules actually evaporating, together 
with those which arrive from the walls and from 3 
and fail to condense.

The arrival rate at S is

2xRn*WRS(L — x)dx +

W S S (L )  2 w ll W l tS ( i) n x < R  +  irR 'h i \V S S ( L ) 1  =

wR'n |~ r L (nx/n)W SR(L -  x)c\x +

WSS(L) | (WSS(L) +  J Ql  (2/72)(n*/n) WRS(x)dx| J

This we write as irRhiG, for brevity, where G  can 
be computed from the relative dimensions and the 
calculated values of n j n .

The outflow rate is now
TFc7rr2n0a

r = G ( T ^ )

and leads to the over-all chance of outflow W o,a, 
where W o,a/W o is given by

Now W o,a—*- Wo as G  -*■ 1 and so becomes independ
ent of a. For example, when r/R  =  0.1, the value 
of a has little influence on TFo,a.

In this instance n j n  is almost unity along the 
entire length of the container, so that it is conven
ient to work in terms of (1 — n j n )  in the relation 
for G, which then becomes

G =  1 — WSs (L) — f  (i — rix/n) WSR(L — x)dx —

g r - l - r-. AWSS(L) foL (2/It) X

(1 — 7ii/n)AWRS(x)dx (22)

The last two terms in (23) are comparatively small 
and can be evaluated graphically, when it is found 
that when r/R  is 0.1, G is 0.9968, and has fallen to
C.9531 when r/R  has risen to 0.2.

Table VII shows the influence of the value of a  
the evaporation coefficient on the ratio W 0,J W o  in 
these two instances.

The table shows the slight influence of the value 
of the evaporation coefficient on the over-all ef
fusion rate; reduction of a  from unity to 0.5 reduces 
the over-all rate by only 0 .3%  when r/R  is 0.1, and 
by only 3 %  when a. is as low as 0.1. When r/R  is 
raised to 0.2, the influence of the magnitude of a  is 
much more pronounced. The expression deduced 
by Motzfeldt to cover the influence of a  on the 
chance of outflow has been used to compute values 
of W o,a/W 0 shown in columns (M ), for comparison.
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T a b l e  VII
T h e  I n f l u e n c e  o f  t h e  E v a p o r a t io n  C o e f f ic ie n t  o n  t h e  
E f f u s io n  R a t e  f r o m  a  C y l in d r ic a l  C o n t a in e r  w it h  

Sm a l l  E f f u s io n  H o l e

(Container : R =  1, L  =  2)
Evaporation W o,a/Wo Wo,a/Wo

coefficient r/R  - ■ 0.1 r/R = 0.2
(«) (EW B) (M ) (EW B) (M )

0.9 0.9996 0.9990 0.9948 0.9960
.8 .9992 .9975 .9884 .9905
.7 .9986 .9955 .9803 .9840
.6 .9979 .9933 .9697 .9750
.5 .9968 .9900 .9552 .9625
.4 .9952 .9850 .9342 .9460
.3 .9926 .9770 .9013 .9180
.2 .9874 .9615 .8420 .8660
.1 .9720 .9095 .7031 .7425
.01 .7463 .5050 .1767 .2076

When considering the influence of the evaporation 
coefficient it must be borne in mind that the evap
orating surface, if that of a solid, will seldom ap
proximate to a plane surface, and will usually consist 
of a layer of small crystals, loosely packed, with 
small irregular spaces between them. Conditions 
within these “ irregular effusion vessels” may well 
be similar to those already discussed, so that the 
effective rate of evaporation from the "surface” will 
be greater than that indicated by the evaporation 
coefficient.

At the same time it is clear that the practice of 
filling the effusion vessel full of chips, crystals, or 
turnings, etc., in an effort to assist the saturation of 
the vapor within, may in some circumstances have 
the opposite effect to that desired, for in the limiting 
case, with the effusion vessel filled completely up to 
the effusion hole, the value of W o,a/Wo =  a for G is 
then zero, and the evaporation coefficient is exerting 
its maximum effect. This effect has been noted by 
Stern and Gregory,6 who report a marked diminu
tion in the effusion rate for iodine when the effusion 
vessel was filled to within about 1 mm. or less from 
the top; substantially constant effusion rates were 
recorded when less iodine was used, provided that 
there was sufficient to cover the base of the cylindri
cal effusion vessel.

The Vapor Path to the Cold Trap.— It remains 
finally to estimate the chance that a molecule shall 
reach the cold trap having emerged from the effu
sion hole.

Since the effusion rate from the cylindrical vessel 
in Fig. 6 is 7rr2nIFo molecules sec.-1 , while that 
of entry is irRbi, then the chance IFlr that a 
molecule travels right through from left to right is 
given by

W lr =  (r/ R yW o

Furthermore, if the cylinder shown is part of a 
closed system, equal numbers of molecules must 
travel in the opposite direction, i.e.

.RW lu =  t}W rl

so
Wo =  W  RL

where W r l  is the chance of motion from right to 
left.

(5) J. H . Stern and N. W. Gregory, J. Phys. Chem., 61, 1226 (1957).
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Consequently, for the experimental arrangement 
depicted scnematically in Fig. 7, the chance that an 
emergent molecule shall reach the cold trap is 
W l 'r ' and the over-all chance W  for the whole sys
tem is given by

W  =  W oW r 'l'W ii (24)

where Wo refers to the effusion vessel, W r 'l ' to the 
path to the cold trap, and W Ti to the effusion outlet.

Of the three terms in equation 24, W T\ is likely to 
be the smallest, for with r =  0.1, R  =  1, and L  =  2, 
then l, the length of the outlet, will not be much 
smaller than 0.01, so that W T\ will be about 0.95, 
while Wo =  C.9953, and T-Tru/ wAI be about 0.99 to 
0.995 with a compact experimental arrangement.

It is not always possible to ascertain the value of 
IFr 'l ' for in many cases the path from outlet hole to 
cold trap is less direct than that shown, and it is 
desirable that it should be so in order that there is no 
direct path between the cold surface and the effusion 
vessel; radiation of heat from vessel to trap is then 
prevented. However, a value for IFr 'l ' can be in
ferred from the ratio of the straightened length of 
the outlet path to that of its radius, for in the first 
section it was shown that the introduction of a bend 
into the path has little effect on the over-all chance 
of outflow.

In such cases an extrapolation method similar to 
that used by the author,6 in the case of spherical 
effusion vessels where the effusion recoil force was 
measured, could be used. In this, a value of the 
vapor pressure, at a constant temperature, duly 
corrected for the imperfection of the effusion hole, 
is found for each of a series of effusion vessels with 
outlets of varying size, in an apparatus where all of 
the geometry save that of the outlets is kept con
stant; the plot of this corrected pressure against the

(6) E. W. Balson, “ Surface Phenomena in  Chemistry and Biology," 
Pergamon Press, New York, N. Y .t 1958, pp. 117-132.
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area of the effusion hole, is approximately linear, 
for both Wo and W r 'l ' are approximately linear 
functions of the hole area when the latter is small, 
and the intercept at zero area gives the saturation 
vapor pressure.

For an effusion vessel with R  =  1 and L  =  2, and 
with R ' =  2 and L ' =  4, then when r =  0.1, 1F0 =  
0.9953, while W r >l ' will be even closer to unity, at 
ca. 0.999, so the combined probability will be a 
little more than 0.994, provided that the evapora
tion coefficient is not far from unity. When r is 
raised to 0.2, the combined probability has fallen 
to about 0.942, indicating that results for this orifice 
should lie about 5 %  lower than those for the former, 
but should the evaporation coefficient fall seriously 
short of unity, the difference is even greater. An 
extreme case has been reported by Stern and Greg
ory (ref. 5), who find a very low value for the evap

oration coefficient of iodine. Several effusion 
vessels were used with values of r/R  between 0.01 
and 0.1. Despite these low values, values for the 
effusion rate per unit area of hole were about twice 
as large using the smaller holes as with the larger.

It may be concluded that an effusion cell with 
dimensions near to R  =  1, L  =  2, and r =  0.1, 
should be most satisfactory, for all of the correction 
terms, save perhaps that for the path to the cold 
trap, differ but little from unity. The use of much 
smaller holes is of doubtful advantage, since it is 
then difficult to keep the ratio of length to radius 
small, and to be certain of a truly cylindrical pro
file; the use of divergent conical holes would seem 
to offer some advantage here, since the value of W < 
remains high even when the length to entrance 
radius ratio is quite large, and the outlet need not 
be formed in very thin material.

HYDROGENATION OF 3,3-DIMETHYL-l,4-PENTADIENE ON NICKEL 
CATALYSTS. A TEST OF THE DEGREE OF DIFFUSION AL CONTROL IN

CATALYTIC HYDROGENATIONS1
B y  R e m o l o  C i o l a  a n d  R o b e r t  L. B u r w e l l , J r . 2

Departm ent o f Chemistry, Northwestern University, Evanston, Illinois  
Received December 19, 1960

On nickel wire and on nickel-silica catalysts in the vapor phase and on nickel-silica m the liquid phase, the two double 
bonds of 3,3-dimgthyl-l,4-pentadiene appear to hydrogenate independently. In the absence of diffusional control, 3,3- 
dimethylpentene is the only initial product. If substantial concentration gradients in the catalyst pores lead to diffusional 
control, 3,3-dimethylpentane appears as an apparent initial product and its initial ratio to dimethylpentene constitutes a 
measure of the degree of diffusional control introduced by hydrocarbon concentration gradients. Under the conditions em
ployed in the vapor phase reaction, such gradients were small or negligible for oxidized nickel wire, large on 40-60 mesh 
nickel-silica and still larger on 20-40 mesh nickel-silica. In the liquid phase at room temperatures on 100-200 mesh nickel- 
silica, the concentration gradients of olefin were small but those of hydrogen appeared to introduce a serious degree of dif
fusional limitation. In the liquid phase, the ratio of the rate constants of hydrogenation of the diene and of the mono-ene was 
about 9 and the ratio of 3,3-dimethylbutene and 3,3-dimethylpentene was 1.6. On the assumption that the kinetic forms
for the rates of hydrogenation of diene and mono-ene are idf 
derived as a function of the initial ratio of mono-ene to alkane

In any heterogeneous catalytic reaction, react
ants must diffuse to the catalyst surface and prod
ucts must diffuse from it. With usual porous 
catalysts, two stages of diffusion may be char
acterized : diffusion between the bulk fluid phase of 
the reactant stream and the exterior surface of the 
catalyst particle; diffusion between the exterior 
surface and the interior surface through the pore 
structure of the catalyst particle. In gas phase 
reactions, the first type of diffusion is usually rapid 
but the second type frequently will affect over-all 
rates and kinetics.3

In practice, two methods of assessing the degree 
of diffusional control have been most commonly 
employed. In one, one compares reaction rates 
obtained with equal weights of different particle 
sizes of the same catalyst. The degree to which 
reaction rate increases with decreasing size of

(1) This work was supported, by the A ir Force Office of Scientific 
Research and Development. Presented a t the New York meeting of 
the American Chemical Society, September 14, 1960.

(2) To whom inquiries about this paper should be sent.
(3) For reviews of this subject see: (a) A . Wheeler, “ Catalysis,”

edited by P. H. Emmett, Vol. I I . ,  Chap. 2, Reinhold Publ. Corp., 
New Y"ork, N. Y., 1955; (b) A. Wheeler, Advances in Catalysisj 3, 250 
(1950); (c) E. Wicke, Z. Elektrochem., 60, 774 (1950);

kcal, a kinetic treatment of the course of hydrogenation is

catalyst particles measures the degree of diffusional 
control. The other involves a theoretical treat
ment of diffusional control often via the dimension
less parameter, h, of Wheeler which is a function of 
catalyst particle geometry, the pore volume and 
surface area of the catalyst, diffusion coefficients 
and the rate constant of the reaction.3a

Quantitative application of either method re
quires a knowledge of the exact kinetics of the 
reaction. The first method is applicable only to 
catalysts in reproducible steady state conditions. 
The second method always involves some degree of 
uncertainty in its quantitative application because 
of the simplifying assumptions about pore ge
ometry made in its derivation.

The question of the presence or absence of dif
fusional control continually befogs attempts at 
mechanistic interpretation of studies of hetero
geneous catalytic reactions. It would be useful 
to have a simple experimental means of assessing 
the degree of diffusional control which was inde
pendent of particular assumptions about the na
ture of pore structure and which did not require 
determination of exact kinetics. The present
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paper presents a partial approach to such a pro
cedure.

Consider a molecule A -A  which contains two 
identical and non-interacting  A-groups which con
vert catalytically to B-groups. Suppose that 
concentration gradients in the pores are small (dif
fusion is fast relative to reaction rates). At low 
conversions, the only apparent initial product will 
be A-B. If, however, concentration gradients are 
large (diffusion slow), a molecule of A-B formed in a 
pore will have a finite probability of reacting fur
ther to B-B before it escapes into the reactant 
stream. Thus, B-B as well as A-B will appear to 
be an initial product. The initial ratio of B-B to 
A-B diagnoses the degree of diffusional control.

This procedure is implicit in previous discussion 
of the effect of diffusional control upon selectivity 
in a reaction sequence A  B -*■ C ,3a'b and one 
might, in principle, use any pair of successive re
actions in this way. However, in our specific 
application, the kinetic forms of both steps are 
necessarily the same and, as will appear in the 
derivation of equation 4, one consequently evades 
knowing the exact nature of the kinetic forms. 
This is the key to the present procedure.

This procedure has been applied to isotopic ex
change between deuterium and alkanes on metallic 
catalysts4 and on chromium oxide gel.6 On metal
lic catalysts, isotopic exchange between deuterium 
and a molecule such as heptane leads initially to 
the formation of polydeuterated alkane much of 
which is perdeuterioalkane. One might propose 
that each period of adsorption of a molecule of 
heptane leads to the exchange of one and only one 
hydrogen atom but that diffusion is slow. Thus, a 
molecule which had once penetrated into a pore 
might suffer several exchanges before it escaped into 
the reactant stream. However, the initial product 
of exchange of 3,3-dimethylpentane contains no 
species more exchanged than C7H 11D 5. If diffu
sional control were involved as proposed, one 
should observe C7H 16D 10 at least. Clearly then, 
perdeuterioheptane results from one period of 
adsorption and multiple deuteration is the conse
quence of alternation among a variety of 
adsorbed species. The gem  dimethyl group of 3,3- 
dimethylpentane blocks the propagation of the 
exchange process and confines exchange to one 
ethyl side chain. Here then, A  represents C2H 1;,

B represents C2D 5 and the group CH 3CCH 3 repre-
I

sents the insulating hyphen. Identity of rate 
constants and kinetics is adequately established 
and the reaction constitutes an example of the 
proposed test of diffusional control. However, the 
reaction was slow in the temperature range stud
ied and one would not expect to have observed 
diffusional control. At temperatures high enough 
to observe diffusional control, the reaction might be 
complicated by hydrogenolysis of the alkane.

Similar isotopic exchange on chromium oxide gel 
forms monodeuterioalkane as the initial product;

(4) H. C. Rowlinson, R. L. Burwell, Jr., and R. H. Tuxworth, J. 
Phys. Chem., 59, 225 (1955).

(5) R. L. Burwell, Jr., A . B. Littlewood, M . H. Cardew, G; Pass 
and C. T. H. Stoddart, J. Am. Chem. Soc., 82, 6272 (1960).

with ethane, for example, only C2H 6D is formed 
initially. Here also diffusional control is absent 
since its presence must lead to the appearance of 
di- and tri-deuterioalkanes.

If one attempts to extend these results to the 
use of much more rapid reactions, one inevitably 
considers the two molecules

CH3

CH2=CH— c — c h = c h 2
I

CH,
3,3-dimethyl-l,4-pentadiene

CH2 c h 3 c h 2
\  I /

CH— C— CH
/  I \

c h 2 c h 3 c h 2
2,2-dicyclopropylpropane

Both have the insulating group which was effective 
in isotopic exchange with 3,3-dimethylpentane. 
In the first case one studies the successive addition 
of hydrogen to the two double bonds, in the second, 
the successive hydrogenolyses of the cyclopropyl 
rings. A  subsequent paper will report the results 
of the hydrogenolytic reaction on the somewhat 
simpler compound dicyclopropylmethane. The 
present paper reports an exploratory investigation 
of the hydrogenation of the pentadiene on nickel 
wire and on nickel-silica in the vapor phase and 
on nickel-silica in the liquid phase.

Experimental
Materials.—The preparations of 3,3-dimethyl-l,4-penta- 

diene and 3,3-dimethylpentene have been described.6 3,3- 
Dimethylbutene was kindly provided by Prof. H. Pines. 
Nickel wire was 30 gauge Nickel 651 of the Haskins Manu
facturing Co. of Detroit. Nickel-silica was Harshaw 
nickel-kieselguhr.

Analysis.— Analyses of product compositions were per
formed by gas chromatography on a 9 foot column of mineral 
oil on firebrick at 70°.

Vapor Phase Hydrogenation.— This was studied in a 
flow reactor. Caseous mixtures of hydrogen and penta
diene were prepared by saturation of hydrogen with the 
diolefin at a suitable temperature. Hydrogen was passed 
through a capillary flow meter and then into a bubbler con
taining the diclefin. The bubbler was maintained 5-10° 
above the desired saturation temperature. The gas stream 
then passed through a condenser held at the desired satura
tion temperature. The catalyst chamber for nickel-silica 
consisted of a tube whose inside diameter was 1.8 mm. In 
the experiments with nickel wire, 3.4 g. of wire was wound 
into helices of 1.5 mm. outside diameter each weighing about 
0.67 g. and having a calculated gross surface area of 12 cm .2. 
These were packed in a tube which had a diameter several 
times the helix diameter. The spaces between the helices 
were largely filled with thin glass rods.

The effluent from the catalyst chamber passed into a trap 
cooled by Dry Ice. The condensed hydrocarbon was re
moved for gas chromatographic analysis.

In our first experiments, the hydrogenation of the penta
diene on nickel wire, severe poisoning of the catalyst was ob
served. Accordingly, two traps were inserted in the hydro
gen line just before the unit which saturated the hydrogen 
with olefin. The first trap contained reduced nickel-silica 
catalyst; the second contained charcoal cooled with liquid 
nitrogen. In addition, all subsequent samples of olefin 
were stored over reduced nickel-silica for several days before 
use. This treatment had no effect upon the gas chromato
grams of the samples. As the result of the traps and the 
sample treatment, equivalent conversions were obtained at 
temperatures more than 100° lower than first necessary. 
Since reaction rates still fell with time although very much 
less than before, poisoning probably had not been completely 
eliminated.

Liquid Phase Hydrogenation.— This was studied m a 
batch reactor at a constant pressure of one atmosphere. 
The apparatus employed a gas buret with mercury as the 
confining fluid. The buret was filled with tank electrolytic 
hydrogen which was passed through a Deoxo unit and a trap

(0) R. Ciola and R, L. BurweL, Jr., J. Org. Chem., 23, 1063 (1958).
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containing activated charcoal cooled with liquid nitrogen. 
The buret was connected to the hydrogenation flask by 
flexible Tygon tubing. A liquid nitrogen trap was inserted 
between the buret and the Tygon tubing. The hydrogena
tion flask was shaken in a water thermostat at 25.5° by a 
motor-driven eccentric. For rate runs, the flask was a 
simple tube with a small bulb at the end. The bottom of the 
bulb was flattened. For runs in which it was desired to 
follow composition changes, the flask was provided with a 
small side tube terminated with a flat piece of silicone rubber 
which was squeezed against the end of the side tube by a 
mechanical fitting. Samples of the hydrogenating mixture 
could be removec by a hypodermic syringe.

An arrangement was provided in which the nickel-silica 
catalyst was reduced in a stream of hydrogen, withdrawn 
from the furnace zone and dumped into the hydrogenation 
flask without being exposed to air. In most experiments 
we employed about 50 mg. of catalyst and about 4 mmoles 
of olefin.

The rate of hydrogenation was determined by measure
ment of hydrogen absorption. Composition change with 
time then was determined in a subsequent experiment under 
the same operating conditions. One had to interrupt the 
agitation of the hydrogenation flask during sample removal. 
Hydrogen absorption ceased immediately and started im
mediately upon restarting the agitation.

Results and Discussion
Vapor Phase Hydrogenation.— Results for nickel 

wire are given in Table I. The hydrogen/diolefin 
mole ratio was 5.0. The sample of nickel wire was 
first oxidized at 550° in air for 16 hours, reduced at 
350° for 2.5 hours, reoxidized for two hours and re
reduced for two hours. Seven runs then were 
made at 150° at space velocities (expressed as g. 
of diolefin per g. of catalyst per hour) increasing 
from 0.042 to 0.36. All led to complete hydro
genation. During experiments 1 to 5 which then 
followed, activity steadily declined. The catalyst 
then was exposed to four cycles of oxidation and 
reduction. Each oxidation lasted three hours as 
did each reduction. Activity was restored but 
fell again during 9 to 13.

T a b l e  I
H y d r o g e n a t i o n  o p  3 , 3 - D i m e t h y l - 1 , 4 - p e n t a d i e n e  o n  

N i c k e l  W i r e

R u n T e m p ., —M o le  fr a c t io n —
n o . H M S V o °c. C iH it C tH m C7H1.

i 0 . 3 7 0 5 3 0 . 8 5 2 0 . 1 1 2 0 . 0 3 6
2 . 4 2 5 5 3 . 9 5 2 . 0 4 8 . 0 0 0
4 . 1 3 7 53 . 9 1 8 . 0 8 2 . 0 0 0
5 . 0 1 2 5 5 3 . 9 3 2 . 0 6 4 . 0 0 6
9 . 1 1 0 6 5 . 4 2 0 . 2 1 0 . 3 7 0

1 0 . 2 6 0 6 5 . 7 4 9 . 1 4 2 . 1 0 9
11 . 2 1 0 6 5 . 9 6 5 . 0 2 0 . 0 1 5
1 2 . 0 4 5 65 . 9 8 0 . 0 2 0 . 0 0 0
1 3 . 0 1 1 6 5 . 9 2 8 . 0 4 2 . 0 3 0

“ Space velocity in g. of diolefin per g. of catalyst per hour.

Results for nickel-silica are presented in Table IT. 
The 40 to 60 mesh catalyst was first reduced at 
550° for 17 hours. In runs 20 to 23, catalytic ac
tivity declined drastically either from poisoning or 
from reaction of the diolefin to produce some 
kind of surface complex. Subsequent runs were 
all preceded by reduction for one hour at 450°. 
This process led to substantial restoration of 
activity.

The 20-40 mesh catalyst was reduced for 16 
hours at 450°. Its much increased activity which 
presumably resulted from the lower temperature of 
reduction made it difficult to obtain adequately low

T a b l e  II
H y d r o g e n a t i o n  o f  3 , 3 - D i m e t i i y l - I  , 4 - p e n t a d i e n e  o n  

N i c k e l - S i l i c a  a t  0 2 °

Run ,,-----------Mole fraction----- --------
no. HMSV nii/nD« C7ÍI12 C7 Hu C7H 16

40-60 mesh nickel-silica
20 158 2.6 0.265 0 .176 0 .560
21 136 2.5 .071 .115 .214
22 94 2.6 .870 .078 .053
23 38 2.5 .860 .084 .056
24 135 3.2 .675 .087 .238
25 132 5.2 .752 .074 . 175
26 169 5.0 .860 .048 .093
27 193 5.0 .959 .019 .021
28 198 4.9 .959 .021 .019
29 143 5.0 .954 .029 .016

20-40 mesh nickel-silica
30 215 5.0 0.315 0 .050 0 . 635
31 135 5 0 .211 .056 .724
32 248 5.0 .177 .094 .728
33 415 5.0 .263 .148 .587
40" 417 5.0 .502 .077 .422
41 810 5.0 .714 .059 .228
42 1200 5.0 .785 .045 .170
43 2500 5.0 .791 .064 .144
“ Mole ratio of hydrogen to diolefin is feed. 6New batch

of catalyst.

conversions. To keep consumption of the diolefin 
within reasonable bounds, runs were but five min
utes long and followed one another in succession 
without intervening treatment of the catalyst. 
Accordingly, values for space velocity are rather 
uncertain and we cannot be sure that saturation 
of the hydrogen with diolefin was maintained.

The reactions of interest are

diolefin (A) +  H2 — olefin (B) ' (1)
olefin (B) +  H2 -— >  alkane (C) (2)

diolefin (A) +  2H2 — > alkane (C) (3)

It will be assumed that the reaction 3 appears only 
as a result of slow diffusion and that the same 
kinetic form applies to all three reactions. The 
rate of any reaction is given by

rx =  k\ <f> (P, X\, A b, A hJ
where X a is the mole fraction of diene, etc. Then

- L  dA =  k, (1 -  « ) d>' dV +  W  J + B  dV

— LdB  =  h  f  dF  — *, (1 -  « ) 0 ' j — fi  dV

where L  is the flow rate, ki is the rate constant for 
hydrogenation of diene, the fraction, 1 — a, going 
to olefin, the fraction, a, going to alkane. A repre
sents the fraction of diene in total hydrocarbon, 
ki is the rate constant for hydrogenation of mono
olefin and dF represents an infinitesimal layer of 
catalyst perpendicular to the direction of flow. 
Dividing the two equations to obtain AB/AA  elim
inates L , 4>', V , and the terms (A  +  B ). Integra
tion then gives

B =  * ,(-  ^  [Afa/fo -  A] (4)
&1 — A'2

This equation has been reported for certain special
ized kinetic forms by de Boer and van der Borg.7
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It is assumed that <f>' contains a term depending 
upon (A  +  B ) and that the rate of reaction 1 is 
given by /cty' multiplied by the fraction of the 
total olefin which is diene, A / {A  +  B ). This 
must be correct for a reaction which is first order 
in A  and it would be correct for a reaction which 
obeys the Langmuir-Hinshelwood approximation. 
Consider a case in which a  is zero.

- L  d.t = faM m dF = fa ----- -------------Oa ,d V
i +  £  f M  '

i
All terms would have this form and division of L  
dB  by L  drl would lead to the same result as in 
equation 4 although kx and k2 would contain ad
sorption coefficients.

The curved lines in Fig. 1 represent equation 4 
with kx/k2 =  2 and with a  equal 0.0, 0.2, 0.5, 0.667 
and 0.8 in the sequence from the upper to the lower 
curve. The curves also are shown in the magnified 
portion covering the range of A  from 1.0 to 0.8. 
In this region almost any theory of diffusion con
trol must give curves of the type shown, i.e., a set 
of lines which start from A  =  1.00 with a constant 
slope which subsequently decreases gradually. 
Only small errors can result from our assumptions 
that reaction 3 has the same kinetic form as reac
tions 1 and 2 and that the value of a  is independent 
of conversion. Therefore, the present test of dif
fusion control best utilizes data in this region and 
the degree of diffusion control may be expressed by 
either (C / B ) ¡„¡«»1 or by a  since (C / B )in =  a/ 
(1 — a ).

As may be seen from the magnified portion of 
Fig. 1 (C/B)-,„ parallels the expected degree of dif
fusion control. On nickel wire the ratio was low or 
zero in runs 1-5. Following further oxidation and 
reduction (runs 9-13), the ratio was about 0.8 if one 
excepts run 12. The oxidation-reduction sequence 
increased the thickness of the porous surface layer 
of nickel and the wire had a distinctly matte ap
pearance at this point. On 40-60 mesh catalyst 
(runs 20-29), the ratio averaged a little larger 
than with runs 9-13. The even larger ratio on 2 0 - 
40 mesh catalyst (runs 30-43) is consistent with 
its larger particle size and greater catalytic activity.

Equation 4 becomes increasingly speculative in 
the region, A  =  0.8 to 0.0. Nevertheless, the plots 
in this region are useful for correlative purposes and 
the data indicate some form rather like equation 4 
must be valid.

Rather substantial deactivation accompanied all 
sets of runs except those on 20-40 mesh nickel- 
silica. As the over-all reaction rate falls, one might 
expect that diffusional control would decrease in 
importance and that the experimental points would 
move toward lines of lower values of a. This is 
observed in the sequences, runs 1-5, 21-23 and 26 - 
29. There are, however, certain anomalies. Thus, 
the flow rates and the fractions of diene reacted 
are nearly the same in runs 21 and 24 yet a  is dis
tinctly larger in run 24. The values of a  are smaller 
in 33 than in 30 and in 43 than in 42 although there 
is no corresponding decline in activity.

(7) J. I I .  de Boer and R. J. A. M . van der Borg, Second International 
Congress on Catalysis, Paris, July 4—9, 1900, paper 40, equation 12. 
See also W. M . Hamilton and R. L. Burwell, Jr., ibid., paper 44, for the 
techniques of this derivation.

oil nickel wire; A , runs 20-29 on 40-60 mesh nickel-silica; 
e , runs 30-43 on 20-40 mesh nickel-silica. The curves repre

sent equation 4 with fa/fa =  2.0 and, from the uppermost to 
the lowest, with a = 0.0, 0.2, 0.5, 0.667 and 0.8.

Our assumption that diene cannot react to form 
alkane during one period of residence on the sur
face is reasonably well established for nickel wire 
but the extension of this conclusion to nickel- 
silica while plausible cannot be rigorously estab
lished.

The value of k x/k2 influences any detailed con
sideration of a  and of the maximum yield o: mono
olefin. If a double bond in the diene has the same 
chance of hydrogenation as one in the moncolefin 
k\fk2 =  2. The present data do not establish the 
exact value of kx/k2 but 2.0 is probably a lower limit 
since, as will appear, the ratio is about 9 in liquid 
phase hydrogenations.

For h / k 2 =  2, the maximum yield of mono- 
olefin, 50% , occurs at a =  0 (see Fig. 1). In 
Wheeler’s treatment of the system, A  — B —»• C ,3 
the maximum yield would sink to about one-half 
of this value (25%) as the degree of diffusional con
trol increased. Similarly, (C / B )in increases from 
zero to V h / k x with increasing diffusional control. 
(C /B ) in cannot, then, exceed 0.7 if k x/k2 =  2. An 
increase in k x/k2 would increase the maximum yield 
and decrease the value of (C/B)-m. Yet on the 2 0 -  
40 mesh catalyst, the maximum yield is only 10%  
and (C /B ) ¡„ is about 3.

In Wheeler’s model the reactions are first order in 
A  and B. Perhaps a treatment using the true 
kinetics of the present reactions would give values 
closer to those observed. Or, lower values of maxi
mum yields and larger values of (C / B )in might re
sult from poisoned pore mouths. 3a’b However, the 
high activity and short length of runs is something 
of an argument against this in the case of the 20-40  
mesh catalyst.

The present treatment does not, of course, inter
pret the experimental data in terms of any par
ticular model of diffusional limitation. It merely 
represents the degree of diffusional limitation in 
terms of (C/B)-m or of a. Any type of concentra
tion gradient might lead to an apparent positive
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value of a. For example, if there was channeling 
in the flow paths through a catalyst bed, one stream 
would react to a higher conversion than the re
mainder. When the streams remix, (C/B)\n would 
he larger than in an experiment which proceeded 
to the same conversion in the absence of channel
ing. However, at low conversions, channeling 
must be rather severe for this effect to be serious.

Liquid Phase Hydrogenation.— Rates of hydro
genation of 3,3-dimethyl-l,4-pentadiene, 3,3-di- 
methyl-l-pentene and 3,3-dimethyl-l-butene were 
measured at 25.5° using 100-200 mesh catalyst 
which had been reduced at 350° for 16 hr. All runs 
were substantially zero order in olefin. The rate 
of hydrogen consumption was constant at least to 
80%  conversion. Beyond this point there was 
sometimes a slight decline in rate. The rate con
stants for the three hydrocarbons expressed in milli
moles of hydrogen absorbed per second per mg. of 
catalyst were: pentadiene, 5.4 X  1 0 %  pentene,
5.0 X  1 0 %  butene, 5.8 X  10-5.

The dependence of rate of hydrogenation upon 
amount of catalyst was tested with 3,3-dimethyl- 
pentene. The rate constants expressed in milli
moles of hydrogen adsorbed per second per mg. of 
catalyst were 5.0 X  1 0 %  4.9 X  10~5 and 5.0 X  
10 ~5 in experiments with 54 mg. of catalyst and
3.13 mmoles of olefin; 116 mg. and 4.10 mmoles; 
49 mg. and 4.33 mmoles. Thus, it appears that 
the rates of hydrogenation are essentially propor
tional to the amount of catalyst in the range which 
we have employed.

Hydrogenation of the pentadiene was also run 
with 20-40 mesh pellets. During the run, the agita
tion led to the disintegration of most of the pellets 
to form much finer material. The rate of hydro
genation started at about l/20th  that of 100-200 
mesh catalyst and steadily increased throughout 
the course of the reaction. The terminal value 
of the rate was nearly l/3rd  that with 100-200 mesh 
catalyst.

The rapid increase in rate attendant upon dis
integration of the 20-40 mesh pellets suggests the 
existence of serious concentration gradients within 
the catalyst pore structure. This rate increase 
and the observation that rates were proportional 
to amount of catalyst indicates that hydrogen trans
fer between gas and liquid phase was not rate 
limiting.8 Rate of diffusion of olefin is unlikely 
to be rate limiting since the reaction is zero order in 
olefin. Thus, it appears probable that the dif- 
fusional limitation results from the diffusion of 
hydrogen within the pores of the catalyst. This is 
a plausible consequence of the low value of the 
concentration of hydrogen in a hydrocarbon when 
the dissolved hydrogen is in equilibrium with gas 
at about one atmosphere.9 It would be interest
ing to extend this study to high hydrogen pressures 
under which condition the relative importance of 
diffusional limitations might shift from hydrogen 
to olefin. Our conclusions with regard to the type 
of diffusional limitations present in our system are

(8) H.-C. Yao and ?. H. Emmett, J. Am. Chem. Soc., 81, 4125 
(1959).

(9) R. H. Price and D. B. Schiewetz, Ind. Eng. Chem., 49, 807
(1957).

very similar to those of Freund and Ilulburt10 for 
the hydrogenation of styrene by Raney nickel. 
Other authors911 have proposed the existence of 
rate limiting hydrogen concentration gradients at 
other locations during hydrogenations in liquid 
phases.

Mixtures of the butene with the pentadiene and 
with the pentene were also hydrogenated. If

AM/AN =  mM/nN

where m  involves the adsorption coefficient and per
haps a rate constant for reaction of M , then

log =  (m/n) log(N°/N)
where ili is the mole fraction of M  in the hydro
carbon mixture and M ° is the initial value of the 
mole fraction.

The competitive hydrogenation of 3,3-dimethyl- 
pentene and 3,3-dimethylbutene gave an excellent 
fit to this equation with n/m  =  1.6 (more rapid 
hydrogenation of the butene). The fit for the 
hydrogenation of the mixture of pentadiene and 
butene was less good but the value of n/m  was 
about 5.5 in favor of pentadiene.

In the liquid phase hydrogenation, the relative 
reactivity of two olefins results from competition be
tween the two for the surface and from the relative 
reactivity of the adsorbed olefins. In the Lang- 
muir-Hinshelwood approximation12

aA
0A ~  1 +  aA +  bB (5)

The rate of reaction of A  is rA =  fc .%%(%,)•  
Thus, the relative reactivity is given by 

dB foibB
dA ~ kAaA W

However, a small amount of diffusional involve
ment of olefin could occur without clearly detect
able departure of kinetics from zero order in olefin. 
As in the derivation of equation 4, one may say 
that the fraction, 1 — a, of A  reacts to form B. Be
cause of slow diffusion, a fraction, a, appears in 
the liquid phase directly as C. Further, since the 
term, k#b, cannot be resolved into two terms by 
our experiments, we can use b to represent the 
product. Thus, as before

This integrates to

*  =  tAV“ -  A] (7)
which is equivalent to equation 4 with b/a replacing 
ki/kj.

As shown in Fig. 2 the maximum yield of pentene 
during the hydrogenation of 3,3-dimethylpenta- 
diene on 100-200 mesh nickel-silica (filled circles) 
is 69% , a value much larger than any found in vapor 
phase hydrogenations. The value of a/b must ex
ceed 2.0 for which no yield in excess of 50%  is 
possible as shown in Fig. 1. The best fit of equa
tion 7 to these data results from a/b =  9 and a — 
0.088. One could estimate a/b from the selectivi-

(10) T. Freund and H. M. Hulburt, J. Phys. Chem., 61, 909 (1957).
(11) G. W. W att and M. T. Walling, Jr., ibid., 59, 7 (1955).
(12) J. C. Jungers, "Cinétique Chimique Appliquée," Société de» 

Éditions Techniq, Paris, 1958, p. 409 et seq.



July, 19(11 IIydkogenation of 3,3-Dimethyl-1 ,4-pentadiene on Nickel 1163

ties obtained in hydrogenating mixtures of 3,3- 
dimethylbutene with pentadicne and with pentene, 
a/b - 5.5 X  1.6 =  8.8. The check is well within 
the experimental errors.

Although the fit of equation 7 is fairly good, pos
sible errors in analysis preclude a really critical test. 
The equation does seem less exact at very low values 
of diolefin. For example, one point showed: diene 
0.001; monoene, 0.613; and alkane, 0.386. Equa
tion 7 would give 0.01 for diene. The discrepancy 
might result from failure of a main simplifying 
assumption of the Langmuir-Hinshelwood model, 
that a/b is independent of the concentrations of A 
and B.

Data from the competitive hydrogenation of 
diene and butene (triangles) and from the hydro
genation of pentadiene with 20-40 mesh catalyst 
(squares) are also shown in Fig. 2. In principle, 
presence of dimethylbutene should not change a/b 
since it affects 8\ and 0b only by adding a term to 
the denominator of equation 5 which cancels in 
proceeding to equation 6. However, selectivity to 
monoolefins is greater in the hydrogenation of the 
mixture as measured both by initial yield of alkane 
and by maximum yield of monoolefin. The in
creased selectivity results mainly from a reduced 
value of a, 0.028 against 0.088. We do not know 
whether such variation is within the ordinary limits 
of reproducibility. The experiment with the 
larger particle catalyst exhibits lowered selectivity 
as one would expect but the comment of the pre
vious sentence applies here also.

There are plausible but not absolute arguments 
that diene cannot react to alkane in one surface 
step as we have noted. The initial yields of alkane 
in our liquid phase hydrogenations, although small, 
were too large for a to be zero. Thus, it appears 
probable that the liquid phase hydrogenations were 
attended by degrees of diffusional limitation which 
were small for olefin but large for hydrogen.

The value of a/b is distinctly larger than a possibly 
expected value of 2.0. Although only one double
bond of the diene can chemisorb in a form leading 
to hydrogenation, it appears that the van der Waals 
interaction of a vinyl group with the surface is 
larger than that of an ethyl group. The departure 
of a/b from 2.0 is unfortunate since it suggests that 
this ratio may vary from metal to metal and even 
from support to support. This would not affect 
the validity of equation 4 at low conversions but it 
will complicate any detailed interpretation of the 
empirical quantity a.

100-200 mesh nickel-silica; 3, hydrogenation with an in
itially 20-40 mesh nickel-silica; A , hydrogenation of mix
ture of 3,3-dimethylpentaciene and 3,3-dimethylbutene. 
Composition data are given only for the pentadiene and its 
reaction products. The curves represent equation 7 with 
a/b =  9.0 and with a =  0.023, 0.083 and 0.178 for t ie upper 
middle and lower curves, respectively.

Nevertheless, we believe that hydrogenation of
3,3-dimethylpentadiene can provide a useful degree 
of information about diffusional limitation for 
other reactions on metallic catalysts. Given a re
action which proceeds at a certain rate on a par
ticular catalyst at a particular temperature. One 
would study the hydrogenation of pentadiene at 
such a temperature that the gross rate of produc
tion of product was the same as in the reaction 
under question and at a flow rate such that con
versions of diene were less than 20% . The value 
of (C / B )jn gives some indication as to the degree 
of diffusion control. Where possible, it would prob
ably be preferable to adjust the temperature so that 

ratei/Di =  rat e2/Z>2
where subscript 1 refers to the reaction in question 
and subscript 2 to that of dimethylpentadiene. 
The D ’s are the corresponding diffusion coefficients 
which are evaluated readily for Knudsen diffusion 
(vapor phase reactions at low pressures). Jn ap
propriate hydrogenation reactions, it would be 
possible merely to add the pentadiene to the com
pound being h,ydrogenateb provided the total 
product can be suitably analyzed.
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Received December 20, 1960

The departure from steady-state conditions for reactions following the Lindemann mechanism is formulated quantita
tively. Two approximate methods, both yielding linear equations, are used. One of the methods accounts for transients 
that may be found in the system. This method, the more complicated of the two, yields the departure term, e, in terms of 
exponential integrals for both first-order and second-order cases. The departure terms obtained by the second method are 
relatively simple functions of reaction rate constants. The results of these derivations are compared with older criteria 
for validity of the steady state. Application is made to very fast reactions where the departure from steady-state condi
tions may be significant.

The Lindemann mechanism1-4 for unimolecular 
reactions, along with recent modifications,6 has 
led to a successful interpretation of unimolecular 
phenomena. One of the basic postulates of the 
Lindemann mechanism, the assumption of steady- 
state conditions, has received little attention al
though related problems involving unimolecular 
reactions have been treated extensively.6-8 The 
justification of the steady state by intuitive argu
ments is not sufficiently quantitative to indicate 
the extent of steady-state deviations and limita
tions. Particularly with fast reactions, where the 
steady-state approximation is sometimes question
able, a method is needed for estimating the depar
ture from steady state. Such a method is proposed 
here.

The departure from steady-state conditions can 
be expressed in terms of the departure term,9 e, 
defined by (B) =  (B )*(l +  e), where (B) and 
(B) * are the actual and steady-state concentrations 
of intermediate, respectively. Differentiation of 
the above leads to an equation10 for e

< B ) * £  +  ( l  +  . ) ^ - r B ( 1)

where tb is the rate of formation of B, d(B)/df, and 
is a function of e. This equation is highly involved 
for unimolecular reactions, even in the high pres
sure range. A satisfactory approximation to e 
(involving an error in the order of e2) can be ob
tained by replacing the reactant concentration (A) 
by the value, (A)*, obtained by assuming steady- 
state conditions, and by neglecting second and 
higher order terms in e. This approximate 
method10 (method 1) renders equation 1 linear, and 
the approximate departure term, eh can be easily 
obtained.

(1) F. A. Lindemann, Trans. Faraday Soc., 17, 599 (1922).
(2) C. N. Hinsheiwood, “ The Kinetics of Chemical Change in 

Gaseous Systems,”  3rd ed., Clarendon Press, Oxford, 1933.
(3) O. K . Rice and H. C. Ramsperger, J. Am. Chem. Soc., 49, 1617 

(1927); 50, 617 (1928).
(4) L. S. Kassel, “ Kinetics of Homogeneous Gas Reactions,”  

Chemical Catalog Co., New York, N. Y., 1932.
(5) N. B. Slater, “ Theory of Unimolecular Reactions,”  Cornell 

Univ. Press, Ithaca, N. Y ., 1959.
(6) B. J. Zwolinski and I I .  Eyring, J .  Am. Chem. Soc., 69, 2702 

(1947).
(7) E. W. M ontro ll and K . E. Shuler, “ Advances in Chemical 

Physics,”  Vol. I ,  Interscience Publishers, Inc., New York, N. Y., 1958, 
p. 361.

(8) F. P. Buff and D. J. Wilson, J. Chem. Phys., 32, 677 (1960).
(9) J. C. Giddings and J. O. Hirschfelder, J. Phys. Chem., 61, 738 

(1957).
(10) J. C. Giddings and I I .  K . Shin, Trans. Faraday Soc., 57, 468 

(1961).

A somewhat simpler approximation which is 
valid beyond a short, initial transient period is ob
tained by setting d(B) */dt =  rrs. It may be neces
sary using this method (method 2) to replace (A) 
by (A)* and neglect e2, etc. The departure term 
obtained is shown as e2.

The mechanism employed for this analysis is
k.

A +  A :
kz

: A +  b

k-2
B • c

It is assumed that the product is continually re
moved from the system such that activation occurs 
only by collision between A ’s. There is nothing 
which woidd prevent obtaining e as a function of 
the energy of B ; however, any deviations from 
steady-state kinetics would depend only on the 
over-all e obtained here.

The quantity d(B)*/di, needed for the evalua
tion of e, is found to be

d(B)* ki(A)[2ki +  fc3(A )] d(A) 
di [L  +  fcs( A) ]2 di (>

Formulating d(A )/d f from (2), and substituting 
(B)* (1 +  e) for (B), we obtain

d(B)* h \ A y [2 h  +  *,(A ) ] [ - f e  +  fo(A)d 
di [£ ,,(A )+ fe p  141

The quantity re =  d(B)/d£ can be similarly ob
tained as

rB =  -fc,(A )*t (5)
While results for the pressure range intermediate 
between first-order and second-order cases can be 
obtained numerically,10 it is much simpler to treat 
the two cases individually.

In the high-pressure unimolecular case, where 
A) > >  h ,  we have (B)* =  k i(A )/ k z and d (B )* / 

di =  L 2(A) [—/c2+& 3(A)e]//c32. Employing method 
I we obtain

+  K&i +  k3)( A)oe~kt — k]e — k (6)

where k is the apparent rate constant, /r1/,'.,//,-3, and 
(A)0 is the initial value of (A). The last term in 
brackets is negligible as long as k i/ h  =  (B )* / 
(A) <  1 by virtue of the condition k3(A) > >  
Thus

J- +  (k, -f- L )(A)0e~kt t — k (7)

The solution of this equation appears in terms of
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exponential integrals, — E i( — x )  =  J  (e~”/v)dv 

ei =  eae 11 [Ei( — a) — Ei( — ae~kt)] — ea(e~kl~~ D (8)

where a. =  (/ci +  k3)k 3{A)o/k1k2. The initial con
dition, e =  — 1 at t =  0, has been employed to 
illustrate the nature of initial transients. While 
the equations are not intended to evaluate e when 
it is as large as unity, the transients obtained have 
been quite satisfactory when compared to exact 
values.

Equation 8 can be simplified somewhat by con
sidering the magnitude of the arguments of the 
exponential integrals. The term a e~ kt =  [fc3-
(A)*/fc2] (1 +  kz/ki) »  1 because of the first-order 
assumption. The term a  is even larger. For 
large x  we may write —E i{  — x ) =  e~ x/ {x  +  1) 
=  e~ x/x. When we use this approximation, ei 
becomes

«  =  - [ - ( «  +  l)e«(‘ - “ - i )  +  ek‘] (9)a

The first term in the brackets is the transient term 
which rapidly becomes negligible. The time con
stant for the transient is the order of 1 / (fci +  fc3) • 
(A)n. Thereafter the second term in the brackets 
is the only one of importance.

The use of method 2 leads to the departure

a.

This value is identical with from equation 9 after 
passage of the transient.

In the low-pressure second-order case, fc2 > >  kv  
(A), (B)* =  k i(A )2/k2, and d(B )*/df =  - 2 W -  
(A )3/ / c2. The value of (A) obtained from steady- 
state considerations is (A)* =  (A)0/ [ l  +  /;i(A)(j] . 
Method 1 leads to the equation

de r ____ 2fc,(A), -1 2fc,(A)o
dZ L 1 T (A)oA'iiJ 1 -(- (A)ok\t

This has the solution

ei = -  j l  +  XV-IX ( i  +  y\) -  ey(\  +  y) -

y'-(Ei(y\) -  A /(X ))] | (12)

where y  — k2/k\ (A.)o and X — 1 -fi A'i (A)o/.
Method 2 gives the following result for the bi- 

molccular case
2 2(B)*

7X (A)* (13)

Considerations slightly different from the above 
will apply if collisions other than those between 
two A  molecules lead to activation. The collision 
of A with C, if the product is not removed, or with 
inert molecules will lead to the formation of B. 
The departure term, e, will depend on the species 
and rate constants involved. One of the simplest 
alternative mechanisms to (2) is the assumption 
that the collective sum of all molecules leads to a 
constant rate of activation per unit concentration 
of A ; A  +  M ^ M  +  B where M  is constant in 
time, and may be absorbed into the rate constants. 
This mechanism is not as difficult to treat as (2), 
and both exact and approximate departure term 
have been obtained.10

The importance of the transient may be gauged 
in terms of the relaxation time of B, defined by11

= - ( B ) * .  
d (B )/d i (14)

In fact the entire phenomenon of departure from 
the steady state may be considered11 in terms of 
the relaxation of the concentration, (B), toward 
the constantly changing steady-state value, (B)*. 
The value of (B) lags behind (B)* by the time ¿b 
as may be seen by rewriting equation 14 as (B)* 
-  (B) =  [d(B)/di]tB.

1 he relaxation time of B found in mechanism
(2) by applying equation 14 is

fa =
1

h  +  fca(A) (15)

This becomes l//c3(A) in the unimolecular case, 
and l/ k 2 in the bimoleeular case. It was concluded 
also that the time constant for the transient in the 
unimolecular case was l/(fci +  /c3) (A)o. In the 
majority of cases where (B )* /(A ) < <  1, this be
comes 1 //c3(A)(l, the initial relaxation time of B. 
If (B )*/(A ) is not much less than unity, the relaxa
tion time itself can be redefined to bring it into 
agreement with the transient time constant. This 
is probably not necessary because the primary use 
of the relaxation time is only semi-quantitative in 
nature.

The above concepts can be used10 to explain 
the reason for the increase of e with time as shown 
by equations 9 and 10 for the unimolecular case. 
The relaxation time, 1 //;3(A), becomes larger as the 
reaction proceeds and (A) diminishes. Thus (B) 
is no longer able to adjust rapidly to changes in 
(B)*, and the divergence from steady-state condi
tions increases.

The steady-state approximation often has been 
assumed valid for those mechanisms in which the 
(intermediate/reactant) concentration ratio, or 
(B )/(A ), is small compared to unity. It is very 
often true, as illustrated by equation 13, that e is 
equal or nearly equal to this ratio, thus justifying 
the assumption. In other cases, however, e differs 
from this ratio by a substantial factor. The a  
of equation 10 can be written approximately as 
[fc2/A-3(A )*][(B )* /(A )], xvhere k2/k3( A) «  1. 
In general, the smallness of (B )* /(A ) can be con
sidered neither as a necessary nor as a sufficient 
condition for the smallness of e.

Calculations and Conclusions
The magnitude of the rate constants, needed to 

obtain e, have been discussed by many people, 
including Hinshelwood,2 Rice and Ramsperger,3 
Kassel,4 and more recently by Slater.6 These con
stants may be estimated by use of the equations

ki
Z

(s -  D!
e -E°/RT (16)

h  =  z  (17)
h  =  kk3/k 1 (18)

where Z  is the collisional frequency, s the number 
of normal modes of vibration, and E ° the minimum 
energy required for reaction. Since k is often ob
tained by means of direct experiment, it is em-

(11) J. C. Giddings, J. Chem. Phys., 26, 1210 (1957).
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ployed in the expression for fc2. The experimental 
activation energy obtained by assuming the 
Arrhenius law k  =  v e - E^ RT, is given by E °  
— (s — 3/ 2)R T . Equation 16 is the first term in a 
series which adequately represents kx only if E ° »  
(s — l )R T .  This condition also implies that k i/ k 3 
«  L

If these expressions are employed in the first- 
order range, equation 10, we obtain

62 =  1 (A )*  (19')
whereas the second-order case, equation 13, yields

2fe2(A)*
kZ (20)

It is apparent from these expressions that the 
steady-state approximation is excellent under most 
conditions. Assuming k =  1 sec.-1 , Z  =  1014 cc. 
mole“ 1 sec.“ 1 and (A) =  10“ 5 mole cc.“ 1 for the 
first-order reaction, we obtain e2 =  10“ 9. The 
relaxation time of B is also found to be 10“ 9 sec., 
and thus the initial transient does not influence the 
course of the reaction. These values will increase 
somewhat as (A.) is decreased, but beyond a cer
tain limit the reaction becomes second order. In 
this case, either equation 20 or equation 13 can be 
used. Equation 13 shows e2 to be small for the 
majority of systems in which the energetic species, 
B, exists at a low concentration level. A.s an ex
ample, the activation energy of ozone has been 
found by Benson and A.xworthy12 to be 24,000 cal. 
Assuming v =  1013 sec.,“ 1 we find that e> == 2.2 
X  10“ 13 at 400°K . and 5.6 X  10“ 8 at 800°K . 
The relaxation time of B at these two temperatures

(12) S. W. Benson and A. E. Axworthy, Jr., J. Chem. Phys., 26, 1718 
(1957).

is 1.1 X  10“ 11 and 3.0 X  10“ 12 sec., respectively. 
The half-life of the reaction, l/fci(A), is approxi
mately 100 sec. in the first case and 1.1 X  10“ 4 sec. 
in the second.

Only in the case of some very fast reactions does 
the steady-state approximation need to be consid
ered with suspicion. These reactions, observed 
when temperatures are high or activation energies 
low, are associated with large values of k and kx. 
Employing the same values of Z , (A) and v as 
above, equation 19 shows that for first-order reac- . 
tions €2 =  0.061 when E W / R T  =  12 and e2 =  0.45 
when E eKp/ R T  =  10. (Because of errors incurred 
when e-2 is large, the latter value is not entirely ac
curate, but does indicate the order of departure.) 
The reaction half-lives are very short; 6.1 X  10“ 7 
sec. and 4.5 X  10“ 8 sec., respectively. The value 
of s must be > 2 4  in the former case and > 5 3  in 
the latter if first-order conditions are to be 
maintained. W e see that extreme conditions such 
as these can lead to very serious departures from 
the steady state.

Second-order processes do not lead to such large 
departures under similar circumstances. Thus 
at 2000°K ., E ezp/ R T  for ozone is approximately 
6 and e2 =  2 X  10 " 5. The decomposition time is
6.4 X  10“ 8 sec. Each case, of course, is individual 
and must be treated separately. In many cases at 
high temperatures (or with low-activation energies) 
the conditions E ° > >  (s — 1 )R T  and kx/k3 «  1 
are no longer valid and the previous equations must 
be expanded to allow for this.
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TRIFLUOROBOROXINE: PREPARATION, INFRARED SPECTRUM AND
STRUCTURE1

By  II. D. Fisher, W . J. L ehmann and I. Shapiro
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licceired December 20, I960

Ih c  reaction of boron trifluoride with various oxygen-containing compounds leads to the formation of a compound with 
the empirical formula of (BOF)*. Ruff and co-workers2 envisioned a coordination complex between BF3 and B2O3; however, 
Baumgarten and Bruns3'4 and Goubcau and Keller” have presented experimental evidence for the formation of trifluoro- 
boroxine. On the basis of the present spectroscopic work, we confirm the ring structure.

Experimental
Boron trifluoride was purified by complexing with acetyl 

chloride6 followed by fractionation through a —155° bath 
prior to each experiment. No impurities could be detected 
by infrared analysis. The infrared cell was similar to that 
described by Becker and Pimentel.7 The copper block 1 2 3 4 5 6 7

(1) Presented in part at the 138th Meeting uf the American Chemical 
Society, New York, N. Y ., September, 1960.

(2) O. Ruff, A. Bra-da, O. Bretschneider, W. Menzel and H. Plaut, 
Z. anorg. aügem. Chem., 206, 59 (1932).

(3) P. Baumgarten and W. Bruns, Ber., 72B, 1753 (1939).
(4) P. Baumgarten and W. Bruns, ibid., 74B, 1232 (1941).
(5) J. Goubeau and H. Keller, Z. anorg. allgem. Chem., 267, 1 (1951).
(6) H. C. Brown, I I .  I. Sehlesinger and A. B. Burg, J. Am. Chem. 

Soc., 61, 673 (1939).
(7) E. D. Becker and G. C. Pimentel, J. Chem. Phys.. 25, 224 

(1956).

and sodium chloride plate were maintained at the desired 
temperatures by means of precooled nitrogen. Boron 
trifluoride of known isotopic content was passed over 
quartz heated to 500°, where the reaction occurred

GBF3 +  3SiOa -— ^  2(FBO)3 +  3SiF4

The gas stream then was cooled rapidly on the NaCl plate, 
which was maintained at —150°. At this temperature 
the trifluoroboroxine condensed on the NaCl window, while 
the unreacted boron trifluoride and silicon tetrafluoride were 
removed by pumping. The samples were cooled to —196°, 
and their spectra were recorded on a Beckman IR-4 infrared 
spectrophotometer equipped with NaCl optics.

Goubeau and Keller6 reported that trifluoroboroxine is 
stable only above 250°; it is possible, however, to isolate 
and maintain this compound at temperatures below —135°, 
at which temperature the rate of disproportionation be
comes negligible. When trifiuoroboroxino is allowed to
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T a b l e  I

I n f r a r e d  S p e c t r a  o f  T r if l u o r o b o r o x in e  a n d  A s s ig n m e n t s  C o m p a r e d  w it h  M e s it y l e n e  a n d  T i i im e t h y l e o r o x in e

Assignment for FaBaOs
(C m. -

F8B8“ 03«
1)

FjB»10O* Mesitylene MesB 3,lO:t MejBsK
Ring puckering (out of plane, ÎH") 714s'' 733 »'4 690 784 786
B -F  stretching (out of phase, e ') 966m° 968 V20 930 918 342
Ring stretching (e ') 0200CO 1431 V19 1385 1227 1260
Ring stretching (e ') 1450s'' 1477 V8 1610 1381 1430
(Unassigned) 1233w 1260
(Unassigned) l ‘280w 1290

, strong; m, medium; w =  we;:ik. 6 Broad. c Sharp.

warm to temperatures above —135°, it disproportionates 
rapidly into boron trifluoride and boric oxide in a 1:1 ratio, 
as indicated by chemical anabasis. The course of the dis
proportionation was followed by alternately warming the 
sample in the infrared cell to predetermined temperatures 
and quenching in liquid nitrogen, pumping off the evolved 
boron trifluoride, and examining spectra of the residue. 
The disproportionation proceeds through isolatable unstable 
intermediates and is essentially complete (> 99 % ) within 
one hour at room temperature.

Boron trifluoride reacts much faster with silica than with 
boric oxide. When B10-enriched boron trifluoride was passed 
rapidly through a heated quartz tube coated with isotopic- 
ally normal boric oxide and the resulting trifluoroboroxine 
was subsequently decomposed, the evolved BF3 had the 
same isotopic content as the initial BF3, thus indicating 
no reaction with B20 3. However, with longer contact 
time, B1'-enrichment in the product 13F3 showed that some 
reaction with B20 3 had occurred.

Discussion of Spectra
The infrared absorption frequencies of both iso- 

lopically normal and B'°-enriehed (ca . 95%  B 10) 
trifluoroboroxines are listed in Table I.

Planar trifluoroboroxine belongs to symmetry 
point group8 D 3h. The 14 internal vibrations are 
of the following species with the indicated Raman 
and infrared activity8: 3A /  (R) +  2A-/ (inactive) 
+  2A2" (I) +  5E ' (RI) +  2E " (R). From anal
ogy with mesitylene (1,3,5-trimethylbenzene),9 
one would expect only four vibrations to have in
frared bands in the sodium chloride range (above 
650 cm.-1). By no coincidence, four principal 
bands have been observed and are assigned as 
shown in Table I. These assignments are discussed 
below in greater detail.

Of special interest is the band at 966 cm.-1 , 
which is assigned to the doubly degenerate out-of
phase stretching mode of the three B F  groups. 
Its small B 10-isotope shift of ca. 2 cm.-1 confirms 
(lie ring structure. Any other reasonable struc
ture would exhibit a much larger isotope effect. 
For example, the minimum shift for an F— B = 0  
monomer is 8 cm.-1 [calculated by treating the 
molecule as diatomic F -(B O )]. The FBO mono
mer also is eliminated 011 the basis of the Average

1.8 ) G. Herzberg, “ Infrared and Raman Spectra of Polyatomic 
Molecules,”  D. Van Nostrand Co., Inc., Princeton, N. J., 1945, pp. 12, 
138, 252.

(9) K . S. Pitzer and D. W. Scott, J. Am. Chem. Soc., 65, 803 (1943).
(10) W. J. Lehmann, Spectroscopia Mol., 9, 02 (1900); also see 

J. Mol. Spectroscopy, submitted 1960.
(11) The weighted average of the BFs frequencies (1454 and 8 8 8  

cm.-1) 12>13 is 1265 cm .-1. From force-constant comparisons i t  has been 
determined tha t the BF bond in BFa has one-third double-bond charac
ter, 14,16 thus leading to 1096 cm . - 1  for a B -F  single-bond.

(12) J. Vanderryn, J. Chem. Phys., 30, 331 (1959).
(13) L. P. Lindeman and M . K. Wilson, ibid., 24, 242 (1956).
(14) J. Goubeau, W. Bues and F. W. Kampmann, Z. anorg. allgem. 

Chem., 283, 123 (1956).
(15) J. Goubeau, Angew. Chem., 69, 77 (1957).

Rule,10 which predicts a frequency of ca. 1091) 
cm.-1 for the B-F1 single-bond in FBO11; nothing 
is observed in that vicinity.

The absorption at 965 cm.-1 is a logical assign
ment for the doubly degenerate B -F  stretching 
frequency of a boroxine derivative. From this 
assignment and the above-mentioned average of 
1096 cm.-1, the Raman-active (infrared-inactive) 
in-phase frequency is calculated to be 1356 cm.-1 
(1377 cm.-1, if root-mean-squares are used in the 
calculation), which falls into line with conespond- 
ing frequencies in other boroxines16: 1286, 1147 
and 1155 cm.-1, respectively, for B-O , B -N  and 
B -C . The validity of this correlation is supported 
by analogy with trimethylborane17 and trimethyl- 
boroxine.10a l6 IS The various frequencies and their 
averages are summarized in Table II. The present 
assignment supports the belief of Goubeau14 and 
Berber19 that there is no double bonding in B-F\ 
groups. When more data are available, it will be 
worthwhile zo attempt a normal-coordinate calcu
lation of the type performed by Watanabe et a l..w 
for borazine derivatives.

T a b l e  I I

B-C  a n d  B -F  St r e t c h in g  F r e q u e n c ie s  o f  3 X ,  a n d  
X 3B 3O:, C o m p o u n d s  (C m . -1)

Out-of-
Compound

phase
stretching«

In-phase 
stretching h

Weighted
average

B(CH:,):, 1150 675 996
(C lIJ jB R , 918 1155 997
BF, 1454 888 1265
B-F single-bonded 1096
I'VBAi 966 1356' 1090
11 Infrared ac tive. 6 Raman active . “ Calcul;ifetl.

To date, little evidence has been presented re
garding possible resonance stabilization of the 
boroxine ring, although this type of stabilization 
repeatedly has been demonstrated for borazine 
rings (XjBaNgYa, also known as borazolcs). Mass 
spectral studies indicate that trimethylboroxine21 
exhibits some aromaticity. In view of the in-

(16) J. Goubeau and H. Keller, Z. anorg. allgem. Chem., 272, 303 
(1953).

(17) W. J. Lehmann, C. O. Wilson, Jr., and I .  Shapiro, J. Chem. 
Phys., 31, 1071 :i959).

(18) We disagree w ith Goubeau and Hummel [Z. physik. Chem. 
(Frankfurt), 20, 15 (1959)], who assign 783 cm .-1 to the cut-of-phase 
B -C  stretching vibration of trimethylboroxine, rather thar 918 cm. _1.

(19) H. J. Becher, Z. anorg. allgem. Chem., 291, 151 (1957).
(20) I i .  Watanabe, M . Narisada, T. Nakagawa and M . Kubo, 

Spcctrochim. Acta, 16, 78 (1960).
(21) W. J. Lehmann, C. O. Wilson, Jr., and I. Shapiro, J. Inorg. and 

Nuclear Chem.. in press ( l9 6 l) .
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creased electronegativity of fluorine over methyl 
substituents, one would predict trifluoroboroxine 
to exhibit greater aromaticity than trimethyl- 
boroxine. This prediction is supported by the 
increase in the ring-stretching frequencies of tri

fluoroboroxine over trimethylboroxine (see Table 
I). Further, the relative magnitudes of the boron- 
isotope shifts of the B -X  stretching mode in the two 
boroxine derivatives indicate that the ring is more 
rigidly bonded in trifluoroboroxine.

FLUORINE BOMB CALORIMETRY. I. THE HEAT OF FORMATION OF
ZIRCONIUM TETRAFLUORIDE12

B y Elliott Greenberg, Jack L. Settle, H arold M . Feder and W ard N. H ubbard

Chemical Engineering Division, Argonne National Laboratory, Argonne, Illinois 
Received December 21, 1958

The heat of formation of zirconium tetrafluoride was measured by direct combination of the elements in a bomb calorim
eter. AH f° at 25° was found to be —456.80 +  0.25 keal. mole-1. The experimental techniques are presented in detail. 
Because of the reactivity of fluorine, combustion calorimetry with fluorine promises to become a widely useful thermo- 
chemical procedure and should prove especially valuable in providing a means of obtaining thermochemical data for re
fractory compounds.

Introduction
Fluorine is an extremely reactive gas which can 

be made to ream quantitatively with a large variety 
of substances. In the classical period of thermo
chemistry Berthelot and Moissan3 made a pioneer
ing calorimetric study of fluorine reactions. In the 
1920’s and 1930’s von Wartenberg and Ruff con
tributed a notable series of papers4 on the same 
subject. Their experimental difficulties with fluo
rine, however, make some of their results suspect. 
For example, the direct reaction of fluorine with 
charcoal4® led to a value for t he heat of formation of 
tetrafluoromethane of — 162 kcal. mole-1 , whereas 
a value of —218 kcal. mole-1 56 undoubtedly is 
more nearly correct. Since the war, techniques 
for preparing and handling fluorine have improved 
and new materials have become available; con
sequently, interest in fluorine reaction calorimetry 
has been stimulated. Gaseous fluorine has been 
used successfully as a reactant in both flow calo- 
rimeters5'7'8 and constant-volume, glass calorim
eters.9 In this Laboratory the techniques and 
materials of oxygen bomb calorimetry have been 
modified for use with fluorine in order to provide an 
additional source of thermochemical data which will 
meet modern standards of precision and accuracy.

(1) This work was performed under the auspices of the U. S. Atomic 
Energy Commission.

(2) Presented in part at the 138th meeting of the American Chemical 
Society in New York, September, 1960.

(3) M . Berthelot and H . Moissan, Ann. chim. et phys., [6] 23, 570 
(1891).

(4) (a) H . v. Wartenberg and O. Fitzner, Z. anorg. allycm. Chem., 
151, 313 (1926); (b) H. v. Wartenberg and G. K linko tt, ibid.. 193, 
409 (1930); (c) O. Ruff and H. Wallauer, ibid., 196, 421 (1931); (d) 
O. Ruff and W. Menzel, ibid., 198, 375 (1931); (e) I I .  v. Wartenberg, 
ibid., 200, 235 (1931); (f) I I .  v. Wartenberg and l i .  Schiitza, ibid.. 206, 
65 (1932); (g) FI. v. Wartenberg and R. Schutte, ibid., 211, 222 (1933); 
(h) IF. v. Wartenberg, ibid., 242, 406 (1939).

(5) D . W. Scott, W. D. Good and G. Waddington, J. Am. Chem. 
Soc., 77, 245 (1955).

(6) (a) R. S. Jessup, R. E. McCoskey and R. A . Nelson, ibid., 77, 
244 (1955); (b) C. A . Neugebauer and J. L . Margrave, J. Phys. Chem., 
60, 1318 (1956).

(7) R. S. Jessup, F. G. Brickwedde and M . T. Wechsler, J. Research 
Natl. Bur. Standards, 44, 457 (1950).

(8) E.g., G. T. Armstrong and R. S. Jessup, ibid., 64A, 49 (1960).
(9) P. Gross, C. Hay man and D . L . Levi, XVIIth Intern. Congr. 

Pure and Appl. Chem., Abstracts, 1, 90 (1959).

One obvious application of fluorine bomb calorim
etry is the determination of the heats of forma
tion of the elemental fluorides. For a few elemental 
fluorides AH f°  values have been determined10 with 
acceptable accuracy; for the remainder the values 
are only estimates11 from heats of solution, solubility 
products and ionic entropies, and other summation 
methods. In fluorine bomb calorimetry the heat 
of formation of an elemental fluoride may be de
termined by direct synthesis from the elements in 
a bomb so that almost the entire measured energy 
arises from the formation of the compound. This 
report is concerned with the heat of formation of 
zirconium tetrafluoride, previously known only as 
an estimate of —445 ±  30 kcal. mole- 1 11 at 298°K . 
Because this is a first report concerning new tech
niques, the experimental procedures are presented 
in some detail.

Experimental
Fluorine Handling Manifold.— All apparatus for handling 

fluorine was enclosed in a well-ventilated hood.12 High 
pressure fluorine supply tanks were placed in protective 
metal enclosures. The installation of double valves13 
and a ballast tank between the high pressure source and the 
manifold facilitated the smooth reduction of pressure. The 
manifold was constructed mainly from Teflon-packed stain
less steel valves (Autoclave Engineers Series 30 VM ) and 
the quick-coupling fittings supplied for use with these valves. 
Stainless steel ferrule-type tubing fittings were used for 
frequently disconnected joints. Silver solder (American 
Platinum Works No. 355) was used only for making special 
joints or adapters. Where massive valves were undesirable 
(e.g., gas sample bulbs, infrared spectrophotometer cells) 
Hoke type 1103 or 413-A or a specially fabricated valve was 
used. Pressure measurements were made with welded 
Monel Bourdon tube gauges.

The corrosion resistance of nickel and most other con
struction metals to fluorine depends on the formation of a 10 11 12 13

(10) “ Selected Values of Chemical Thermodynamic Properties,”  
National Bureau of Standards Circular 500, U. S. Government P rin t
ing Office, Washington, D. C., 1952.

(11) E.g., L . Brewer. L. A. Bromley, P. W. Gilles and N. L. Lofgren, 
Paper 6, “ The Chemistry and M etallurgy of Miscellaneous Materials: 
Thermodynamics,”  L . L. Quill, Editor, M cG ra w -H ill Book Co., Inc., 
New York, 1950, pp. 76-192.

(12) Safety Note: I t  is desirable for the operator to wear a leather 
coat, leather gloves, and a plastic face shield while manipulating the 
more fragile parts oi the equipment.

(13) J. Gordon and F. L. Ilo ilow ay, Ind. Eng. Chem., 52, No. 5, 
63A (1960).
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protective film. Before being placed into service, all equip
ment was thoroughly cleansed of foreign matter and pre- 
fluorinated by cautious, stepwise addition of fluorine until 
conditions of pressure and temperature were reached which 
were more severe than those subsequently encountered.

Fluorine.— The fluorine used in the calorimetric combus
tion experiments was prepared by fractional distillation of 
high purity (99-99.5%) tank fluorine. The still14 15 and its 
auxiliary equipment are shown in Fig. 1. The stainless- 
steel still pot J is equipped with liquid nitrogen jacket H and 
auxiliary heater I. The fractionating section of the stainless- 
steel column is packed with y 8-inch diameter nickel helices 
and is surrounded by radiation shield G. The reflux con
denser section of the column is cooled by liquid nitrogen 
jacket C. The entire still is encased in an evacuated brass 
cylinder to reduce heat leakage.

Approximately 250 g. of fluorine was fractionated per 
distillation. The operation of the still was relatively un
complicated and only the following points need be men
tioned. (1) During introduction of the fluorine the reflux 
condenser was maintained colder than the still pot jacket 
in order to condense fluorine at the top of the column to 
wet the packing. (2) The still was operated under total 
reflux for about one hour. (3) Forecuts, some containing 
as much as 10% impurity, were discarded via a chemical 
trap; condensation in the receiver was begun when less 
than 0.2%  impurity was detected in the overhead vapors. 
Distillation of the main fraction required about five hours.

The quantity of impurity in the fluorine was determined 
by the mercury titration method.8 Mass spectromctric 
analysis of the residual gas from the titration indicated that 
the impurities in the fractionally distilled fluorine consisted 
of about 0.04% oxygen, 0.01% nitrogen, and traces of 
argon and helium. The distilled fluorine was transparent 
in the infrared.

Helium.— U. S. Bureau of Mines, Grade A, helium 
(99.995%) was used.

Zirconium.— Iodide-deposited, hafnium-free (<1000 
p.p.m .), Grade I crystal bar, supplied by Westinghouse 
Electric Corp., Pittsburgh, Pa., was arc-melted, cast, 
and rolled to 0.1 X  0.1 inch rods and 0.005 inch foil. Table 
I is a summary of the impurities found in the zirconium 
sample. No other metallic impurities were detected. 
The sample was thus about 99.95% zirconium. The 
chemical state of the impurities was unknown. High- 
purity zirconium wire (0.010 inch diameter), used as fuse 
material, was obtained from The Carborundum Co., 
Akron, N. Y . The composition of the zirconium fuse is not 
reported here because of its negligible effect.

T a b l e  I
I m p u r i t i e s  in  Z ir c o n iu m  S a m p l e

Element P.p.m. Element P.p.m.

Spectrochemical analysis
Zn 150 Pb 7
Si 70 Na 7
Cu 70 Mn 3
Fe 40 Ag 3

A1 30 Mg 2
Ni 15 B 0.3

Chemical analysis
C 50 H :27
O 28 N <10

Combusion Technique.— Preliminary combustions were 
performed in a glass bomb16 in order to observe the ignition 
and burning characteristics of zirconium. Zirconium wire 
and foil were readily ignited electrically; they, in turn, 
could be used to ignite more massive pieces. Zirconium, 
when burned in pure fluorine, melted and dropped onto 
the support assembly. By appropriate dilution of the 
fluorine with helium the burning temperature was suf
ficiently lowered to prevent melting, and upright rods under
went smooth, flameless combustion. Most of the combus
tion product sublimed to the cooler parts of the bomb.

(14) This s till was patterned after a smaller version constructed by
L. Stein of this Laboratory.

(15) H. L . N utta ll, M . A . Frisch and W. N. Hubbard, Rev. Sci.
In-str., 31, 461 (1960).

shield; H, still pot jacket; I, resistance heater; J, 400-ml. 
still pot; K, Lucite spacers; L, connection to surge tank; 
M, rupture disc; N, connection to commercial fluorine 
supply; O, activated alumina trap; P, connection to gas 
sample bulb; Q, connection to bomb charging manifold; 
R, purified fluorine condenser; S, metal enclosure; T, 
purified fluorine storage cylinder.

Fig. 2.— Combustion bomb and sample arrangement: 
A, body (nickel); B, sample (zirconium); C, sample stand 
(nickel); D, electrical insulation (Teflon); E, cap (nickel); 
F, insulated electrode terminal (stainless steel); G, gasket 
(lead); H, valve housings (nickel); I, valve stem (hard 
Monel); J, protective disc (nickel); K, gasket (gold).

The sample arrangement which evolved from these pre
liminary experiments is shown in Fig. 2. The top of the 
sample rod B was slotted to accommodate a small piece of 
0.005 inch foil which was crimped in place. The fuse wire 
was threaded through three small holes in the fcil. The 
lower end of the rod was turned down to a 0.035 inch pin 
and inserted into a relatively massive nickel sample stand C. 
The stand provided an effective heat sink so that the burn
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ing of the rod was extinguished after about 75% was con
sumed. This arrangement obviated the necessity for pro
viding an inert support for the burning zirconium which 
was, in effect, always supported by unburned zirconium. 
The contact area between the sample rod and the sample 
stand remained relatively cool and no evidence of reaction 
between zirconium and nickel was observed.

Reaction Products.— Chrétien and Gaudreau16 observed 
only /3-ZrF4 to be formed by the combustion of zirconium in 
fluorine. In the present investigation, this observation 
was confirmed by X-ray diffraction analysis of the products 
of several calorimetric combustions. With the exception 
of a few very faint lines all of the diffraction lines observed 
could be assigned to the pattern for the beta variety of zir
conium tetrafluoride.17’18

After each of several calorimetric runs a portion of the 
gas remaining in the bomb was discharged into an infrared 
cell equipped with silver chloride windows. The observed 
absorption bands could be attributed to CFj, SiF4 and a 
trace of HF. Another portion of the bomb gas was allowed 
to react with mercury for removal of fluorine, and the resid
ual gas then was subjected to mass spectrométrie analysis. 
The bomb atmosphere after combustion was thus shown 
to contain about 0.1%  N2 and 0.2%  0 2. All of the gaseous 
impurities could be qualitatively accounted for as arising 
from contaminants in the zirconium sample and in the fluo
rine charge.

Determination of the Amount of Reaction.— After the 
completion of each calorimetric measurement the bomb 
gases were discharged and the unburned zirconium was re
covered and weighed. The parts which were weighed in
cluded the unburned portion of the sample rod, the un
consumed ends of the fuse wire, and two small beads, 
each weighing less than one milligram, which had ap
parently fused, tripped from the ends of the fuse wire, and 
solidified rapidly. These parts were soaked in water to 
loosen adherent zirconium tetrafluoride, scrubbed with 
Nylon tweezers, and scraped clean with a razor blade.

Calorimetric System.—The calorimetric system, which 
consisted of the bomb (N i-T), the calorimeter (ANL-R1), 
the isothermal jacket and the temperature measuring equip
ment, was a rotating bomb system.19'20 The operational 
procedure was conventional19 except that the bomb was not 
rotated in these experiments. The combustion bomb 
(Fig. 2) had an internal volume of 0.358 1. The body A 
and cap K were fabricated of commercial nickel (Grade A) and 
were sealed together with a 0.06 inch thick, soft gold gasket 
K. Two nickel valve housings H were screwed into the 
cap and scaled with lead gaskets G. The valve packing 
gland parts were made of nickel; the packing was a Teflon 
washer. A Teflon disc was recessed in the end of the 
threaded, hard-Monel valve stem I; closure was effected 
by seating the disc against the port of the valve. Teflon 
tubing was used as a gasket between the insulated electrode 
and the cap. A nickel disc J served to shield the cap and 
its fittings. The electrode parts were made of nickel. 
Thin Teflon discs 1) were used for electrical insulation. The 
external parts of the bomb which were not in contact with 
fluorine were made of stainless steel.

System Calibration.—The energy equivalent of the 
calorimetric system, s(calor.), was determined by combustion 
of benzoic acid (N .B.S. Standard Sample No. 3!)g). The 
heat of combustion of this sample was given as 26,433.8 ±
2.6 absolute joules (6,317.83 ±  0.62 defined calorics) per 
gram mass under certificate conditions. Ignition energy 
was measured with a current integrating circuit similar to 
one already described.21 Thirteen satisfactory benzoic 
acid calibration combustions were com plet«!, some preced
ing and some fol.owing the zirconium combustions. Both 
one-half and one gram samples of benzoic acid were used. 
The temperature rises for these samples bracketed the 
temperature rises obtained in the zirconium combustions.

(16) A . Chrétien and B. Gaudreau. Compt. rend., 248, 2878 (1959).
(17) R. I). Burbank and F. N. Bcnsey. Jr., U. S. Atomic Energy 

Commission Report K-1280 (1956).
(18) A . Chrétien and B. Gaudreau, Compt. rend., 246, 2206 (1958).
(19) W. N . Hubbard, C. Katz and G. Waddington, ./. Phys. Chem., 

58, 142 (1954).
(20) W. D . Good, D. W. Scott and G. Waddington, ibid., 60, 1080 

(1956).
(21) G. Pilcher ar.d L. E . Sutton, Phil. Trans. Roy. Soc. London,

A248, 23 (1955).

The average value for £(calor.) was 3567.0 cal. deg. *, 
with a standard deviation of the mean of 0.3 cal. deg.-1, 
or 0.01%.

Bomb Charging Procedure.—The assembled bomb was 
connected to a manifold, evacuated, purged three times 
with 9 atmospheres of helium and once with one atmosphere 
of fluorine. The bomb then was charged with a gas mix
ture which, at 25“ , consisted of 2000 mm. pressure of pure 
fluorine and sufficient helium to raise the total pressure to 
12.0 atm. If no leaks22 were detected by discoloration of 
moist strips of starch-iodide paper or by the odor of flu
orine, the bomb was placed in the calorimeter and the calo
rimetric measurements were made in the usual manner.19,23

To test for the absence of reaction between zirconium 
and fluorine before intentional ignition, the bomb was 
charged, allowed to stand, and discharged. No significant 
change in weight of the zirconium sample was observed.

Results
Experimental Results.— Table II is a summary of 

the results of seven combustion experiments, ex
pressed in terms of the defined calorie equal to 
(exactly) 4.184 absolute joules. The corrections 
to standard states24 were applied with suitable 
modification26 for fluorine bomb calorimetry. The 
entries in Table II are: (1) the mass in  vacuo 
of the zirconium reacted; (2) the observed in
crease in the calorimeter temperature, corrected 
for heat exchanged between the calorimeter and its 
surroundings; (3) the energy equivalent of the 
calorimetric system, multiplied by the corrected 
temperature increase; (4) the energy absorbed by 
the contents of the bomb during the hypothetical 
isothermal process at 25°; (5) the measured energy 
input for ignition of the fuse; (6) the correction for 
the hypothetical compression and decompression 
of the bomb gases; (7) the net correction for im
purities in the zirconium sample; and (8) the energy 
change per gram of zirconium for the reaction 

Zr(c, a) +  2F2(g) — > ZrF4(e, 0) (1)

with the reactants and products in their standard 
states at 25°.

For calculation of item 4 the following values were 
assumed: Heat capacities at constant pressure of 
0.105s, 0.28, 0.0659 and 0.148 cal. deg.-1 g .-1 for 
N i,10 Teflon,20 Zr26 and ZrF4,27 respectively; heat 
capacities at constant, volume of 5.50 and 2.981 cal. 
deg.-1 mole-1 for I 'V and  He,1" respectively. The 
coefficients (b E / b P )t , and ju (in the equation P V  =  
n IlT {\  — ixP)) which are required for calculation 
of item 6, were estimated by the method of Ilirsch- 
felder, cl a /.,29 from the force constants for F230 and

(22) Leakage of Huorine in to  tlie  calorimeter water-bath was a poten
tia l hazard. I t  was found that as much as 500 ml. per min. of fluorine 
could be introduced into water through a small opening w ithout the 
occurrence of a violent reaction.

(23) J. Coops, R. S. Jessup and K. van Nes, Chapter 3, “ Experi
mental Thermochemistry," F. 1). Rossini, Editor, Interscience Pub
lishers, Inc., New York, N. Y., 1956, pp. 27—58.

(24) W. N. Hubbard, 1). W. Scott and G. Waddington, Chapter 5, 
“ Experimental Thermochemistry,”  F. D. Rossini, Editor, Interscience 
Publishers, Inc., New York, N. Y., 1956, pp. 75-128.

(25) W. N. Hubbard, Chapter 5, Vol. I I ,  “ Experimental Thermo
chemistry,”  H. A. Skinner, Editor, Interscience Publishers, Inc., New 
York, N. Y., to be published.

(26) G. B. Skinner and H. L. Johnston, J. Am. Chem. Soc., 73, 4549
(1951).

(27) E. F. Wcstrum, Jr., and I). H. Terwilliger, to be published.
(28) W. H. Evans, T. R. Munson and D. D. Wagman, ./. Research 

Nall. Bur. Standards, 55, 147 (1955).
(29) J. O. Hirschfelder, C. F. Curtiss and R. B. Bird, “ Molecular 

Theory of Gases and Liquids,”  John W iley and Sons, New York, 
N. Y., 1951.
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T a b l e  I I

R e s u l t s  o f  C o m b u s t io n  E x p e r im e n t s “

1. m, g. 0.99354 1.01707 1.00775 1 .0370'’ 1.03347 1.03119 1.03902
2, A¿c, deg. 1.38883 1.42021 1.40831 1.45052 1.44617 1.44187 1.45247
3. 8 ( calor.)( — &tc), cal. -49 54 .6 8 “ -50 66 .6 3 “ -50 24 .1 7 “ -5173 .96 — 5159.52 -5143 .11 -5180 .92
4. Â contentS) Cal. -1 0 .6 5 -1 0 .8 9 -1 0 .8 0 -1 1  13 - 11.10 -1 1 .0 6 -1 1 .1 4
5. A îgnition, Câl. 1 .98 1.90 2.00 2.19 1.79 1.91 1.17
6. A-É/gasj cal. -0 .2 3 -0 .2 3 -0 .2 3 -0 .2 4 -0 .2 4 -0 .2 4 -1 .2 4
7. AjE* impur it icsj Cal. 1.12 1.15 1.14 1.17 1 .17 1.1.7 1.17
8. AEc°/M, cal. g . - 1 -4994 .72 -4989 .53 -4993 .37 -4097 .08 -49 98 . 11 -4995 .52 -4995 .05

Av. &Ecc/M =  —4094.8 cal. g .-1 
Std. dev. of mean = ± 1.1 cal. g ._l

“ The symbols employed are explained in ref. 24. '* The mass of one of the fused beads from the fuse wire had to be
estimated. c Because of parts replacements, Sfealor.) for these experiments was 3567.5 cal. deg.-1. * AEconiM3 = S'lcont.).
(<i —  25) +  S,(cont.)(25 — / ,  +  A4orr.) in which U was 23.481°. « AE  gas. =  A E' (gas.)]0pite<w.) +  A 0 f (gas.)]V (*a!i->.

He.29 The coefficients, as functions of composition, rived 1'or the formation of /3-zirconium tetrafluoride 
at 25° were at 25°

M = 0.000801(1 -  3.61r +  2.03z2)atm.-1 (2)
(dE/£>P)t =  —1.780(1 — 1.767* +  0.7635*2) cal. atm.-1

mole-1 (3)

where x  represents the mole fraction of helium in 
the mixture. For estimating the internal volume of 
the bomb these densities were assumed: 8.90, 
2.24, 6.50 and 4.43 g. cc. -1  for Ni, Teflon,20 Zr and 
ZrF4, respectively.

Hydrogen, oxygen and carbon were assumed to 
be present in the sample as ZrII2, Zr02 and ZrC, 
respectively. The gaseous combustion products 
of these impurities were assumed to be HF, 0 2 and 
CF4, respectively. The remaining impurities were 
assumed to be present in the sample as elements, 
and to form their most stable fluorides during com
bustion. The requisite heats of formation were 
taken from reference 10 except for ZrH231 and CF4.6 
The corrections to the measured heat for the known 
impurities were: FI, + 0 .0 1 8 % ; Si, + 0 .0 1 0 % ; 
C, + 0 .0 0 9 % ; O, -0 .0 0 8 % ; Zn, -0 .0 0 7 %  ; Al, 
+ 0 .0 0 4 % ; Cu, —0.004% ; all others (including 
hafnium) negligible. The net correction for all 
impurities (item 7) was (+ 0 .0 2  ±  0 .02)%  of 
the measured heat. The large uncertainty at
tached to the impurity correction arises in part from 
analytical uncertainties and in part from the 
possibility that the elements existed in states of 
combination other than those assumed.

The remaining corrections to standard states 
were all negligible. AE c °/ M  is just the sum of 
items 3 through 7 divided by the mass of zirconium 
reacted.

Observation of the preliminary combustions in a 
transparent bomb permitted an estimate to be made 
of the time-temperature conditions which might 
prevail in the calorimetric bomb during combustion. 
By combining this information with data32 on the 
kinetics of the nickel-fluorine reaction the m axim um  
heat effect due to formation of nickel fluoride was 
estimated to lie a quarter of a calorie per experi
ment.

Derived Data.— The following data were de-

(30) D. White, J. H. Hu and H. L. Johnston, J. Chem. Phys., 21, 
1149 (1953).

(31) A . Sieverts, A. Gotta and S. Halberstadt, Z. anorg. allgem. 
Chem., 187, 155 (1930).

(32) E. J. Barber and H. A. Bernhardt, U. S. Atomic Energy Com
mission Report K-1421 (1959).

Energy of formation, AEf° =  AEc° =  —455.62 ±  0.2g keal.
mole-1

Heat of formation, AH f° =  —450.80 ±  O.25 keal. mole-1 
Entropy of formation, ASf° = —81.16 cal. deg.-1 mole-1 
(Gibbs) free energy of formation, AFf° =  —432.60 ±  O.25

keal. mole-1
The atomic weight of zirconium33 was taken as 
91.22 g. (g.-atom)-1 . The entropies, S ° , at 25°, 
of Zr(c) , 24 F2(g) 26 and ZrJ4(e) 25 were taken as 9.29,
48.45 and 25.03 cal. deg. -1  mole-1 , respectively. 
The estimated uncertainties given are uncertainty 
intervals31 equal to twice the combined standard 
deviations arising from known sources.

Discussion
The standard heat of formation of zirconium 

tetrafluoride has been determined to be —456.80 ±  
O.25 keal. mole-1  by direct combination of the ele
ments in a bomb calorimeter. This value should 
replace a previous estimate11 of —445 ±  3C keal. 
mole-1 .

The precision of the present results appears to 
be comparable with that obtained by oxygen bomb 
calorimetry. Important sources of systematic 
errors, such as impure materials and extraneous 
reactions with support materials and glass, which 
confronted earlier workers in fluorine reaction 
calorimetry, were largely overcome in this re
search. The applicability of fluorine bomb calorim
etry appears greatly enhanced by the evidence 
that no significant react! >n occurred between the 
fluorine and the nickel bomb.

In addition to the determination of the heats of 
formation of elemental fl lorides, fluorine combus
tion calorimetry may be applicable to a variety of 
stable, inert substances. Examples of substances 
which we hope to study by this new technique are 
BN, SiO, MoSi2, or, in general, the refractory com
pounds resulting from the combinations of boron, 
carbon, nitrogen and silicon with each other, and 
with metallic elements. Heat of formation de
terminations for these substances often are lacking 
because of the inapplicability of standard methods 
such as oxygen bomb or solution calorimetry.

(33) 10. Withers, J. Am. Chem. hoc.. 80, 4121 (1958).
(34) F. I). Rossini, Chapter 14, ‘Experimental Thermochemistry,”  

F. D. Rossini, Editor, Interscience Publishers, Inc., New York, N. Y., 
1 9 5 0 , p p .  2 9 7 - 3 2 0 .
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The accumulation of the missing data will be useful 
to the growing field of high temperature chemistry.
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THERMOLUMINESCENCE IN ARAGONITE AND MAGNESITE
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The important features of thermoluminescence in aragonite and magnesite have been studied by investigating the proper
ties of synthetic samples. The synthetic aragonite samples were prepared by precipitation at 80-90° and the magnesite 
samples were precipitated by hydrothermal techniques. The results of adding all of the impurities which may occur in 
natural samples and which are likely to produce thermoluminescence have been investigated by coprecipitating each of them 
in synthetic samples. The effects of vacancy defects have also been considered. The results show that all of the thermo
luminescence in natural samples is due to the presence of divalent magnanese. It was also found that Co + + and Isi + T 
quench the Mn + + luminescence in both minerals whereas F e++ is a quencher in aragonite only. Quantitative results 
have been compiled for the luminescent efficiency of each of the Mn + + glow peaks in aragonite and magnesite as a function 
of impurity concentraton. Quantitative results have also been included to illustrate the relative quenching effects of F e++, 
C o++ and N i++. The impurity concentrations in the synthetic samples were determined by colorimetric methods. Meas
urements of isothermal decay curves were made for each of the prominent glow peaks in aragonite and magnesite and the 
effect of varying the temperature and the excitation time was investigated. The activation energies associated with the 
traps for most of the glow peaks also were determined. Glow curves for natural samples are compared with the curves 
for synthetic samples and the results interpreted on the basis of impurity concentrations in the natural samples. Practical 
applications of the results are discussed.

I. Introduction
All of the common naturally occurring carbonate 

minerals including calcite, dolomite, aragonite and 
magnesite are thermoluminescent to some extent. 
The properties of calcite and dolomite have been 
investigated12 and it has been shown that the 
prominent glow peaks found in natural samples are 
due to the presence of divalent manganese. This 
paper describes an investigation of the thermolumi
nescent properties of aragonite and magnesite 
which are closely related in crystal structure to 
calcite and dolomite.

The general procedure followed here is the same 
one used for the calcite and dolomite investigations. 
High purity samples containing one or more added 
impurities were prepared by coprecipitation meth
ods and the thermoluminescent properties of the 
synthetic samples were compared with the char
acteristics of natural samples. The effects of 
certain lattice defects such as ion vacancies were 
also studied.

In determining the concentrations of the various 
impurities in the synthetic samples, the colorimetric 
methods used for the calcite and dolomite investi
gations were applicable with only minor changes in 
procedure. Analyses of natural samples were made 
spectrographically. The glow curve apparatus 
used here has been described in a previous article.3 
The samples were heated at a constant rate of 
0.5 deg./sec. The departure from linearity of the 
heating rate was less than 5 %  above 100°Iv. 
and the temperature variation over the surface of 
the sample was less than 5°K . All samples were 
excited by 35 K .V . X-rays from a M o tube oper
ated at 20 ma. plate current. For most of the 
glow curves a 5 minute excitation period was used

(1) W. L. Medlin, J. Chem. Phys., 30, 451 (1959).
(2) W. L. Medlin, J. Chem. Phys., 34, 672 (1961).
(3) W. L . Medlin, Phys. Chem. Solids, 18, 238 (1961).

which provided an exposure of about 500 roentgens.
The results of this investigation satisfactorily 

explain all of the important thermoluminescent 
properties of natural samples of aragonite and 
magnesite.

II. Experimental Procedure and Results
The direct precipitation of aragonite by the mixing of 

calcium and carbonate ions in solution is hindered by the 
formation of calcite which is the most stable polymorph of 
CaCOs under normal conditions (a third form, vaterite is 
less stable than aragonite). However, at elevated tempera
tures the relative stability of aragonite increases and between 
80 and 100° it is possible to obtain nearly pure aragonite 
by initially seeding the solution.

A more convenient method which takes advantage of the 
differences in crystal structure between aragonite and cal
cite was used here. It was found that the presence of trace 
amounts of such impurities as Sr++ or IIg + + in the original 
solution favors the precipitation of aragonite because of 
similarities in coordination numbers and ionic radii. The 
theoretical coordination number of the Ca++ ion in calcite 
is only 6 whereas it is 8 in aragonite; furthermore, the ionic 
radius of Ca + + is slightly larger in aragonite. It follows 
that impurity ions such as Hg + + and Sr + + which exhibit 
an 8 coordination only and have about the right, ionic radii 
should enhance the precipitation of aragonite. In practice, 
Sr + + was found to be better for this purpose than H g++ and 
the optimum concentration was about 1000 p.p.m.

Improved results were obtained by controlling both the 
concentrations of the Ca + + and C 03”  solutions and the rate 
of addition of the Ca + + solution. It was found that 0.05 
M  solutions of Ca(NC>3)2 and Na2C 03 solutions provided 
the best results when the Ca + + solution was added at a rate 
of 20 ml./min. The temperatures of both solutions were 
maintained at 90 ±  5° and the rate of addition was controlled 
by adding the Ca + + solution dropwdse from a heated separa
tory funnel. The carbonate solution was stirred during the 
precipitation to maintain reasonably homogeneous distri
butions of the various ions. The impurities added to 
the aragonite samples were included in the calcium ion solu
tion since their carbonates usually were insoluble.

The Ca(N 03)2 solution was prepared by dissolving high 
purity CaC03 (provided by Johnson-Mathey Company of 
England) in H K 03. The carbonate solution was prepared 
with high purity Na2C 03 (also available from Johnson- 
Mathey Company).
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The precipitation of magnesite presents a, special problem 
because the stable forms of M gC03 under normal conditions 
are the hydrates, Mg2(0H )»C 03-3H20  and 5M gO 4C02- 
5H20 . At elevated temperatures nesquehonite, M gC03- 
3H20  can be precipitated and magnesite can be obtained by 
heating this precipitate to temperatures high enough to 
remove the water of hydration. However, this method 
is not acceptable for the present application because the 
removal of the water molecules ruptures the crystal lattice 
badly enough to prevent the formation of sufficiently large 
crystallites of magnesite.

A satisfactory method of precipitating well crystallized 
samples of magnesite at elevated temperatures and C 02 
pressures has been developed by Jantsch and Zemek.4 
A modified version of their procedure has been used here. 
The nrethod consists of raising the temperature of an acid 
solution of MgCl2 and urea under a C 02 pressure of several 
atmospheres. At elevated temperatures, the urea decom
poses to form NHj and C 02 which raises the pH of the solu
tion sufficiently to precipitate magnesite, the stable form of 
M gC03 under these conditions. The precipitation of the 
hydrated forms at lower temperatures is prevented by the 
acidity of the solution. The impurity ions to be included 
in the magnesite lattice were coprec'pitated by adding them, 
in appropriate concentrations, to the MgCl2 solutions.

The samples were precipitated at 220° under 60 atmos
pheres of C 02 pressure in a 1 liter autoclave. It was possible 
to include five samples in the autoclave chamber by using 
35 ml. Pyrex test-tubes filled to about 70% of their volume 
with the MgCls^urea solution. In order to obtain sufficient 
quantities of sample under these conditions it was necessary 
to use concentrations of 0.018 g./m l. M g++, 0.013 g./m l. 
urea, and 0.7%  HC1. The solutions were protected from 
contamination by loose-fitting glass covers on the sample 
tubes. The autoclave was filled to about 30% of its volume 
with water to provide thermal contact with the walls. At 
220° the 30% fill was not enough to raise the water level 
above the tops of the sample tubes so that there was no 
danger of contamination from this source.

Under these conditions the compl te precipitation required 
10 to 12 hours. The precipitation is more rapid at higher 
temperatures but above 220° the solubility of the Pyrex 
sample tubes is high enough to contaminate the samples with 
silicon and other glass constituents.

It is reasonable to assume that most of the trapping sites 
and luminescent centers which produce thermoluminescence 
in aragonite and magnesite are due to the presence of im
purity ions. In order to explain the glow peaks in naturally 
occurring samples of these minerals it is possible to elimi
nate a number of impurities either because they are not 
likely to serve as activators or because they are not normally 
found in natural samples. All impurity ions with only one 
possible valence state are eliminated for the first reason5 
and all of the rare earth elements can be disregarded for the 
second reason. On this basis the following impurities have 
been investigated: P b ++, Zn + +, Cd + +, Sb+++, Co + +, 
Ni ++, Fe ++, Sn~+, Bi + + +, Cu+, Li+, Al + ++, A g+ and 
Mn + +. Each of these ions was included in the lattice of 
synthetic aragonite and magnesite samples by the coprecipi
tation methods described earlier. The inclusion of anion 
impurities was not considered since they appear to be un
important in the carbonate minerals.

The effects of cation and anion vacancies were investigated 
by adding Sn4+ and PAh4- ions, respectively. It is reason
able to assume that these tetravalent ions introduce cation 
and anion vacancies to compensate for the charge differences 
involved but there is no direct evidence that either ion is 
included in the aragonite or magnesite lattice. The addi
tion of these ions did not affect the thermoluminescence of 
either aragonite or magnesite.

Of the impurities mentioned above, M n ++ was the only 
ion found to be an activator of thermoluminescence in either 
aragonite or magnesite. Figure 1 shows the glow curves 
or some synthetic aragonite samples containing various con

centrations of Mn + + and in Fig. 2 the results for magnesite 
are illustrated. In aragonite the Mn + + activator accounts 
for two prominent glow peaks at 180 and 250°K. All of 
the thermoluminescenee is confined to temperatures below 
300°K. which is not surprising since aragonite is converted 
to calcite (at a temperature dependent rate) above 400°K.

(4) G. Jantsch and F. Zemek, Radex Rundschau, 3, 110 (1949).
(o) R. Ward, J. Phys. Chem., 57, 773 (1953).

Fig. 1.— Glow curves for some synthetic aragonite samples 
containing various concentrations of M n ++.

Fig. 2.— Glow curves for some synthetic magnesite samples 
containing various concentrations of Mn + +.

MOLE FRACTION ,Mn++.

Fig. 3.— Efficiency of thermoluminescence for the 180°K. 
glow peak due to Mn + + in aragonite. The theoretical curve 
wars computed from equation 1 for z =  1000 and 7 =  0.0005.

The two prominent glow peaks are preceded at lower tem
peratures by a more or less continuous level of emission 
which is roughly proportional in intensity to the peak 
heights.

The effects of annealing at elevated temperatures have 
also been investigated. The glow' curves for natural samples 
of aragonite and magnesite were unaffected by this treatment 
but it was found that the glow peaks were measurably en-
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MOLE FRACTION Mn++
Fig. 4.—Efficiency of thermoluminescence for the 250 °K. 

glow peak due to Mn + + in aragonite. The theoretical curve 
was computed from equation 1 for z =  1000 and y  = 0.00,15.

MOLE FRACTION Mn++,
Fig. 5.— Efficiency of thermoluminescence for the 230°K. 

glow peak due tc Mn + + in magnesite. The theoretical curve 
was computed from equation 1 for z — 200 and y = 0.0005.

MOLE FRACTION Mn++
Fig. 0.—Efficiency of thermolumineseence for the 480°K. 

glow peak due to Mn + + in magnesite. The theoretical curve 
was computed frrm equation 1 for z =  200 and y = 0.0005.

hanced in the synthetic aragonite samples. There was no 
effect in the synthetic magnesite samples. The aragonite 
samples were annealed for several hours at 110-120° which 
is about the maximum allowable to avoid conversion to 
calcite. The magnesite samples were annealed for several 
hours at 450° which is just below the range of decomposition 
to MgO.

The results of annealing at elevated temperatures arc in 
accordance with those observed for calcite and dolomite, 
which have been interpreted on the basis of localized distor
tions removed by heating. The effect is presumably not 
observed in the magnesite samples prepared at elevated 
temperatures and pressures because distortions of this 
type a,re removed during growth.6 Since natural samples 
are unaffected by annealing it appears that the distortions 
have been removed in this case at the ambient temperature 
of the earth’s crust over geologic times.

The two glow peaks due to M n++ in aragonite are suf
ficiently separated to determine the relative efficiency of 
thermoluminescence for each of them as a function of im
purity concentration. These results are plotted in Fig. 5 and

(6) W. L. Medlin, J. Chem. Plnjs., 31, 913 (I960).

4 and the accompanying theoretical curves were computed 
from the expression for an isolated activator ion

where tj is the efficiency of thermoluminescence, c is the 
molar concentration and z and y are parameters character
istic of the spacing between impurity ions and the cross 
sections for trapping and recombination.7

In magnesite the presence of Mn + + accounts for two 
prominent glow' peaks at 230 and 480°K. and at least three 
minor peaks at 340, 380 and 620°K. In general the glow 
peaks in magnesite are broader than those in any of the other 
carbonates, probably because the electron traps are spread 
over a range of energies in this case. The efficiency of 
luminescence for the two prominent glow peaks in magnesite 
is plotted in Fig. 5 and 6 along with the theoretical curves.

The quenching properties of Fe, Co and Ni have been 
well established in both calcite and dolomite and similar 
effects are to be expected in aragonite and magnesite. The 
effects of these impurities as well as Cu + +, Al + + + and 
Be + + which sometimes act as quenchers have been in
vestigated by adding increasing concentrations of each 
along with a constant amount of Mn ++. The manganese 
concentrations were chosen to correspond approximately 
to the optimum levels (500 p.p.m. for aragonite and 1500 
p.p.m. for magnesite) so that small fluctuations would not 
affect the glow peak intensities appreciably. The largest 
variations in M ir  + content for all of the samples was less 
than 100 p.p.m. Fe was added in both the 2 +  and 3-1- 
states but it was impossible to add the divalent ion without 
including some of the trivalent ion also.

The results showed that in aragonite, Fe + +, Co + + and 
Ni + + inhibited the Mn + + luminescence whereas in mag
nesite only Co + + and N i++ acted as quenchers. It should 
be noted that for very low concentrations Co + + enhances 
the Mn + + luminescence in magnesite. In both cases 
Fe + + +, A l+ ++, Cu++ and 15e + + had no effects on the glow 
peaks due to Mn ++. Some representative results are shown 
in Fig. 7 and 8 for aragonite and Fig. 9 for magnesite. The 
results are plotted as relative efficiency of thermolumines
cence as a function of the quenching-ion concentration for 
the 250°K. glow peak in aragonite and the 230°K. peak 
in magnesite. Similar results were obtained for the glow 
peak at 180°K. in aragonite, and at 480°K. in magnesite.

All of the impurity concentrations for the activator and 
quencher ions in synthetic samples were determined by 
colorimetric methods. This technique offers several ad
vantages in this case. All of the impurities to be de
termined (M n, Fe, Co and Ni) are transition elements 
which form strong color complexes and since both aragonite 
and magnesite are very soluble in acid solutions it is possible 
to determine concentrations of only a few p.p.m. with good 
accuracy. Furthermore, the difficulty of interference 
from other impurities is eliminated because the samples 
were of high purity except for the added activator or 
quencher ions. The procedures for all of the ions involved 
here already have been developed for calcite1 and dolomite.2

The decay of phosphorescence measured at constant 
temperatures near a glow peak provides information about 
the electronic transitions involved in the trap emptying 
and recombination processes. The decay curves for all of 
the principal glow peaks due to Mn + + in aragonite and mag
nesite have been measured and found to be of the form

where b and m are constants. This form of decay has been 
observed for calcite, dolomite and anhydrite3 and can be 
interpreted as being characteristic of a second-order mech
anism.8 A first-order process would result in an exponen
tial decay but it can be shown that a proper combination of 
first-order decay curves would result in a decay having the 
form of equation 2.9 Therefore the decay curves could pos
sibly be interpreted as indicating a first-order decay process 
from a distribution of trapping levels.

Some measured values for the parameters b and m are 
given in Table I for the 250°K. peak due to Mn + + in

(7) P. D. Johnson and F. E. Williams, ibid., 18, 1477 (1950).
(8) J. Saddy, J. Phys. Rad., 20, 890 (1959).
(9) E. I .  Adirovitch, ibid., 17, 705 (1956).
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aragonite and the 230 and 480°K . peaks due to M n + + 
in magnesite. The results show that b increases with ex
citation time whereas m remains approximately constant . 
The effect of temperature cannot he determined over any 
appreciable ranges because of interference between neigh
boring glow peaks (cf. Fig. 1 and 2) except for the region 
above the 250°K . Mn + + peak in aragonite.

T a b l e  I
V a l u e s  o f  t h e  P a r a m e t e r s  b a n d  m f o r  I s o t h e r m a l  

D e c a y  i n  A r a g o n i t e  a n d  M a g n e s i t e  
Excita-

Sample
Impurity,

p.p.m.
Glow
peak
(°K.)

tion
time
(sec.)

Temp.
(°K.) m

Aragonite 80 Mn + + 250 45 245 15 i . i
Aragonite 80 Mn + + 250 45 273 20 1.5
Aragonite 80 Mn + + 250 300 273 30 1 .3
Aragonite 80 Mn + + 250 45 300 25 2.1
Aragonite 80 Mn + + 250 300 300 25 1.7
Magnesite 260 Mn + + 230 45 250 5 1.2
Magnesite 260 Mn + + 230 300 250 5 1.3
Magnesite 260 Mn + + 480 45 480 5 1 .1
Magnesite 260 Mn + + 480 300 480 30 0.93

The depth of the electron trap associated with each peak 
in the glow curve usually can be determined graphically 
from the initial rise in emission due to the peak. It can be 
shown10 that the intensity of emission in this region is ap
proximately proportional to exp( — E/kT), where k is 
Boltzmann’s constant, T is the temperature, and E is the 
trap depth or the activation energy required to remove an 
electron from the trap.

In Table II, the trap depths measured by this method are 
given for the 250°K. glow peak due to ¡VIn + + in aragonite 
and for the 230°K. and 480°K. glow peaks due to Mn + + in 
magnesite. The activation energy associated with the 180°-
K. peak due to Mn + + in aragonite was not measurable 
by this method because of interference from the more or 
less constant emission at temperatures below the peak. The 
traps responsible for this emission can be emptied by warm
ing the sample to the 160-180°K. range. However, many 
of these traps are refilled (at the expense of the filled traps 
associated with the 250°K . glow peak) when the temperature 
is again lowered to 77°K. by immersion in liquid nitrogen. 
Phenomena similar to this have been observed in calcite 
and dolomite ns well as anhydrite and a mechanism for 
explaining it already has been proposed.3 Incidentally, 
the traps associated with the 180°K. glow peak are not re
filled by this procedure. A similar phenomenon occurs 
in magnesite for the emission in the 77-150°K. range. The 
traps associated with this emission can lie emptied and re
filled at the expense of the filled traps responsible for the 
230°K. glow peak. However, the interference is much 
smaller in this case and does not prevent a reasonably ac
curate determination of the trap depth for the 230°K. 
peak.

T a b l e  IT

V a l u e s  o f  t h e  A c t i v a t i o n  E n e r g y  E  a n d  F r e q u e n c y  
F a c t o r  >■ f o r  S o m e  o f  t h e  T r a p p i n g  C e n t e r s  D u e  t o  

Mn + + in  A r a g o n i t e  a n d  M a g n e s i t e

Glow
Sample

Impurity,
p .p .m .

peak
( ° K . )

a
(n .v .) (sec.

Aragonite 8 0  Mn + + 2 5 0 0 . 3 6 I 0 C

Aragonite 4 0 0  Mn + + 2 5 0 . 3 9 3  X 10°

Magnesite 9 3 0  Mn + + 2 3 0 . 17 to2
Magnesite 9 3 0  M u  1 8 0 1 . 0 7 X 1 0 s

Magnesite st) Mn + + 2 3 0 0 .  1 0 It)2
Magnesite 5 0  Mn + + 4 8 0 1 . 2 to9

Table II also contains values for the frequency factor 
v associated with each of the trapping levels and computed 
from the relation10

(10) J. T. Randall and M . H. F, W ilkins, Proc. Roy. Soc. {London), 
184A, 347 (1945).

log. 7.—Quenching effect of F e+++ in the presence of Mn + + 
in aragonite.

Fig. 8 — Quenching effect of Co + + or N i+ + in the presence of 
Mn + + in aragonite.

v = ^ eE/kT,  (3)

where (3 is the heating rate (0.50°/sec. in this case) and Tq 
is the temperature of the glow peak.

In order to verify the results predicted for natural samples 
of aragonite and magnesite by the thermoluminescent 
properties of the synthetic samples, glow curves were pro
duced for a number of natural specimens of both minerals. 
In Fig. 10 some representative glow curves for a group 
of aragonite shell samples collected from various locations 
are illustrated. The striking similarities between these 
curves and those of Fig. 1 demonstrate that Mn + + accounts 
for all of the thermoluminescence in most natural aragonite. 
It is significant that the general level of emission of all of 
the aragonite samples collected was quite low. Spectro- 
graphic analyses revealed that this effect resulted from 
the quenching effect of Fe (found in concentrations ranging 
from 10 to 50 p.p.m .) and to the small amounts of man
ganese present (less than 5 p.p.m. in most samples).

In all of the samples of natural magnesite collected the 
thermoluminescence was negligible. In a few samples 
there was evidence of the Mn + + glow peaks at 230 and 480°
K. (cf. Fig. 2) but in most cases the only measurable 
thermoluminescence was attributed to small amounts of 
calcite or dolomite present in the samples. These results 
indicate a more or less complete exclusion of manganese 
in natural magnesite and this was verified by spectro- 
graphic, analyses which showed undetectable amounts 
(< 2  p.p.m .) of this impurity.

III. Discussion of Results
The results of this investigation have shown that 

the thermoluminescent properties of naturally
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MOLE FRACTION Co+ +  OR N i + +_

Fig. 9.—Quenching effect of Co + + or Ni + + in the presence of 
Mn + + in magnesite.

TEMPERATURE IN DEGREES K.

Fig. 10.— Glow curves for some natural aragonite samples.

occurring aragonite and magnesite are subject to 
simple interpretations. In both cases the thermo
luminescence appears to be due solely to the pres
ence of divalent manganese. Lattice defects such 
as ion vacancies evidently are not important in 
either crystal.

At optimum manganese concentrations (500 
p.p.m. in aragonite and 1500 p.p.m. in magnesite) 
the respective levels of thermoluminescent intensity 
are of about the same order of magnitude for arago
nite and magnesite (cf. Fig. 1 and 2). This level 
is about one order of magnitude lower than the 
thermoluminescence due to the optimum M n ++  
concentrations in calcite or dolomite. In natural 
samples of these minerals, however, the calcite and 
dolomite luminescence is several orders of magni
tude greater in general than the emission from 
aragonite and the thermoluminescence in natural 
magnesite is usually negligible. These results are 
mostly due to the effective exclusion of manganese 
from aragonite and magnesite, a result which is not 
surprising in view of the fact that M n ++ has the

wrong coordination number to be included readily 
in the aragonite lattice and is too large to fit into 
the magnesite structure very well.

The results of the efficiency vs. concentration 
curves of Fig. 3 -6  indicate that the effects of con
centration quenching are considerably different in 
aragonite and magnesite. The parameter, z, 
determined empirically from equation 1 for each of 
the glow peaks due to M n ++ is a measure of this 
effect. Its value is equal to the number of nearest 
neighbor cation sites surrounding a M n ++ center 
which cannot be occupied by another manganese 
ion without quenching the luminescence.7 There
fore, a z of 1000 for the aragonite glow peaks indi
cates that the thermoluminescent transitions due 
to a M n++ center generally are quenched when 
another manganese ion is located as close as 5 or 
6 nearest neighbor distances. Similarly, the z of 
200 for the magnesite peaks indicates a quenching 
radius of 2 or 3 nearest neighbor distances. Thus 
the distortions produced in the crystal field by the 
substitution of a M n ++ ion extend over a larger 
region in aragonite than in magnesite.

The isothermal decay curves for aragonite and 
magnesite have the same form as those observed 
for calcite, dolomite and anhydrite. The form 
given by equation 2 is characteristic of a second- 
order process but the behavior of the parameter b 
as a function of excitation time is in disagreement 
with the behavior predicted by this model. As 
shown in Table I, b generally increased with 
excitation time whereas the inverse relation is to 
be expected.9

The values reported in Table II for the frequency 
factor v deserve some comment. Since v is 
essentially the frequency with which an electron 
attempts to escape from a trapping site its value 
cannot exceed the frequency of atomic vibration 
(1013 sec.-1)- In most crystals for which values 
have been reported, v falls in the range 106- 1010 
sec. “ 1 11 and most of the values reported here are 
within this range. However, the value of 102 
obtained for the 230°K. peak in magnesite is un
reasonably low and it is doubtful that this result is 
valid. Since the values for v are calculated 
from the graphically determined values of E , it 
appears that the method for determining E  is not 
valid in this case. Incidentally, the determination 
of E  is only possible by this technique when the 
glow peaks are isolated and are due to a single dis
crete trapping level. Because of the complexity 
of the magnesite glow curve (cf. Fig. 2) it is quite 
possible that either of these conditions is violated.

IV. Conclusions

All of the important thermoluminescent proper
ties of aragonite and magnesite are due to divalent 
manganese. The presence of M n ++ results in 
glow peaks at 180 and 250°K. in aragonite and at 
230 and 480°K . in magnesite. The presence of 
Co++ or N i++ quenches the M n++ luminescence 
in both minerals. In aragonite, Fe++ quenches the 
M n ++ luminescence more effectively than Co + +

(11) G. F. J. Garlick and A. F. Gibson, Proc. Phys. Soc. (London), 
60A, 574 (1948).
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or Ni++ but in magnesite it has no appreciable 
effect.

Because of the differences in ionic radii and co
ordination numbers, M n ++ is not easily substi
tuted into either the aragonite or the magnesite 
lattice. Therefore, its concentration in natural 
samples of these minerals is exceedingly small, 
particularly in magnesite where it is generally un
detectable. As a result of this, the intensity of 
thermoluminescence is generally very low in 
aragonite and usually negligible in magnesite. 
The presence of iron in most aragonite samples is 
a further cause of reduced emission. The thermo
luminescence found in most natural magnesite 
samples generally is due to the presence of some 
calcite or dolomite. Consequently, magnesite is 
of little interest in interpreting the thermolumi
nescence of rock samples except as its presence 
reduces the intensity of emission from other minerals 
by acting as a more or less inert material. Arago
nite is not very important either although the M n++ 
glow peaks usually are measurable in this case.

Since most natural magnesite samples contain 
negligible concentrations of M n ++ and since 
all of the aragonite thermoluminescence is con
fined to temperatures below 350°K., neither of 
these minerals is useful in age measuring applica
tions.

The isothermal decay of phosphorescence 
has the same form for all of the glow peaks in 
aragonite and magnesite as for anhydrite, calcite 
and dolomite. The form of the decay curve can 
be explained on the basis of a second-order process 
involving transitions through the conduction band 
of the crystal. Furthermore, a discrepancy in the 
predicted behavior of one of the decay parameters 
which was reported for the other minerals also has 
been observed in aragonite and magnesite.

The activation energy, E , and frequency factor, 
v, for the traps associated with the various glow 
peaks are about the right order of magnitude except 
for the 230°K peak in magnesite. For this peak, 
the value of v is several orders of magnitude smaller 
than any values previously reported.

ELECTRON IMPACT SPECTROSCOPY OF ETHYLENE SULFIDE
AND ETHYLENIMINE
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The appearance potentials and relative abundances determined with a time-cf-flight mass spectrometer are reported for 
the principal positive ions in the mass spectra of ethylene sulfide and ethylenimine. The probable ionization and dissocia
tion processes consistent with the computed energetics are given. Molecular ionization potentials are calculated using the 
equivalent orbital method and are compared to the observed ionization potentials of 9.94 ±  0.15 e.v. for ethylenimine and
8.87 ±  0.15 e.v. for ethylene sulfide. A comparison of the fragmentation patterns and dissociation processes is given for 
ethylene oxide, ethylene sulfide and ethylenimine.

Introduction
We have determined the mass spectral cracking 

patterns and the appearance potentials of the 
principal ions from ethylenimine and ethylene sul
fide, and compared these with the information re
ported previously for ethylene oxide.2 Consistent 
with the probable ionization and dissociation proc
esses and with the ionization and appearance po
tentials obtained, the heats of formation of the 
various principal ions of ethylene sulfide and 
ethylenimine have been determined. The mass 
spectral cracking pattern of ethylene sulfide and 
ethylenimine are reported; that for ethylenimine 
compares favorably with that listed in the A.P.I. 
tables of mass spectra.3 The appearance poten
tial data of ethylenimine and ethylene sulfide 
and the mass spectral cracking pattern of ethylene 
sulfide are newly reported.

(1) This work was supported in part by the U. S. Atomic Energy 
Commission, under Contract No. AT(.ll-l)-751 with Kansas State 
University. Portion of a dissertation to be presented by E. J. Gallegos 
to the Graduate School of Kansas State University in partial fulfill
ment for the degree of Doctor of Philosophy in Chemistry. Presented 
at the 139th Meeting of the American Chemical Society, St. Louis, 
Mo., March 21-30, 1961.

(2) E. J. Gallegos and R. W. Kiser, Am. Chem. Soc., 83, 773 
(1961).

(3) “Mass Spectral Data,” American Petroleum Institute Research 
Project 44, National Bureau of Standards, Washington, D. C.

Experimental
The general features of the Bendix model 12-100 time-of- 

fiight (TOP) instrument used in this study have been 
described. 2 The resolving power of this instrument is 
(M / A M )  =  140, as determined from the “ 5% peak width,” 
A H /H  = 0.1, A h/H  = 0.001 and l/ T 'h *

The sample of ethylenimine was obtained from Matheson, 
Coleman and Beil, and was used as received. It was stated 
to have a minimum purity of 98%. Dr. R. P. Ciula of these 
laboratories provided the samples of ethylene sulfide; these 
were synthesized from ethylene carbonate and potassium 
thiocyanate at 115-120° and the samples were distilled over 
at 52°. The ethylene sulfide was used immediately after 
preparation to avoid any polymer formation in the sample. 
No significant impurities were observed in the mass spectra 
of either ethylenimine or ethylene sulfide. Gas-liquid parti
tion chromatographic analysis of ethylene sulfide on tri-n- 
tolyl phosphate revealed no impurity peaks; therefore, it 
was estimated that the ethylene sulfide had a purity >99.5 
mole %.

Mass spectra were obtained for nominal electron energies 
of 70 e.v. The voltage scale was calibrated by using mix
tures of krypton or xenon with the compound being in
vestigated, and 3 y subsequent comparison of the observed 
ionization potential of the rare gases with their known spec
troscopic values.® The extrapolated difference method of 
obtaining ionization and appearance potentials has been 
described. 2 Ionization potentials also were determined 4 5

(4) J. H. Beynon, “Mass Spectrometry and its Applications to Or
ganic Chemistry/’ Elsevier Publishing Co., Amsterdam, I960, pp* 
51-54.

(5) C. E. Moore “Atomic Energy Levels,“ Natl. Bur. Standards 
Circ. 467, Vol. 3, 1958.
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T a b l e  I

M ak s  S p e c t r u m  a n d  A p p e a r a n c e  P o t e n t ia l s  o f  P r in c ip a l  I o n s  o f  E t h y l e n im in e

Relative abundance,
m/e % A.P., e.v.

1 2 1.9
13 3.8
14 10.4 19.7 ± 0 .3

15 35.3 15.5 ±  0.3
16 1.7
17 1 . 2

18 0.5
20.5 0 . 1

2 1 1.4
21.5 0.14
24 0.4
25 2 . 1

26 7.6 16.4 ±  0.4
27 12.3 16.9 ±  0.3
28 79.8 13.3 ±  0.2
29 2 . 6 1 2 . 8  ±  0 . 2

30 0.9
38 5.4 23.0 ±  0.4
39 7.4 18.1 ±  0 . 6

40 18.1 17.0 ±  0.2
41 26.1 15.2 ±  0.3
42 1 0 0 . 0 1 2 . 2  ±  0 . 1

43 59.9 9.94 ±  0.15
44 2.4

Process

C2H6N — >- CH2+ +  HCN +  2H 
— ^ N + +  C A  
— > CH3+ +  HCN +  H

C A +  +  NH +  H,
• C Ä  + +  NH +  H
• C A +  +  NH
■ CH:,N+ +  CH,
■ C A + +  N

C2N + +  H, +  3H 
CoHN+ +  H2 +  2H 
C2HoN+ +  3H 
C2H3N+ +  2H 
C A N  + +  H
C A N  +

A 7/f ' , 
kcal./m ole

345
458
300

323
283
252
253 
210

400
340
202
273
255
255

45
46
47
56
57
58
59
60 
61 
62

T a b l e  I I

M a s s  S p e c t r u m  a n d  A p p e a r a n c e  P o t e n t ia l s  o f  t h e  P r in c ip a l  I o n s  o f  E t h y l e n e  S u l f id e

m/e

Relative
abundance,

% A.P., e.v. Process kcal./m ole
1 2 1 . 0

13 1.7
14 4.9 (20.4 ±  0.5) (?) C2HjS — CH2+ +  CS +  2H (?) 330
15 1 . 6

24 0.3
25 2 . 8

26 19.1 17.9 ± 0 .5 c 2h 2+ +  sh  +  h 347
27 44.6 14.6 ± 0 .2 ->■ c 2h 3+ +  SH 323
28 7.8
29 2 . 8

32 7.9 (13.1 ±  0.2)(?) S + +  c 2h 4 309
33 3.8
34 1 2 . 1 13.4 ± 0 .1 ->■ h 2s + +  c 2h 2 274
35 0 . 2

36 0 . 2

44 2.7
100.0 

2.8 
3.6 
0.8 
8.0 

20.2 
69.0 
75.8 
5 9 
2.5

12.3
12.7

±  0 
±  0

15.0 
11.4 
8.87

±  0. 
±  0. 
±  0 15

CHS+ +  CH3 

CII2S + +  CH.

CsH2S+ +  2 H 
C2H3S + +  H
c 2h 4s +

271
245

261
230
224

using the technique of Lossing, Tickner and Bryce6 and 
Honig’s critical slope method.7 Typical plots of the ioniza

(6) F. P. Lossing, A. W. Tickner and W. A. Bryce, J. Ghem, Phys., 
19, 1254 (1951).

(7) R. E. Home, ibid-., 16, 105 (1948).

tion efficiency curves for the parent ions from ethylenimine 
and ethylene sulfide are shown in Fig. 1.

Results
The results of the mass spectral cracking pattern 

determinations and the appearance potential meas
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urements for these compounds are summarized 
in Tables I and II. In the first two columns are 
given the principal ions formed by 70 e.v. electrons 
from each compound and their relative abun
dances. No isotope correction has been made in 
either spectrum. In columns 3 and 4 are given the 
appearance potentials measured for the observed 
ions from the parent molecule and the probable 
processes by which they are formed, as calculated 
from the various appearance potentials. AH {+  
indicates the heat of formation of the ion, e.g ., 
A H {+(C2H4) ; in this way we distinguish it from the 
heat of formation of the molecule or radical, e.g ., 
A //f(C2H4).

The N.B.S. values8 for heats of formation of the 
various molecules were used in the thermochemical 
calculations, and values for heats of formation of 
the different ions were taken from Field and Frank
lin.9 The heats of formation for ethylenimine (g)10 
and ethylene sulfide (g)n were taken to be 26.0 and
19.29 kcal./mole, respectively. The heat of for
mation used for SH (g) was 33 kcal./mole, ob
tained from Ai7f(H) =  52.1 kcal./mole,8D(HS— H) 
= 90 kcal./mole12 and A77f(H2S) =  —4.8 kcal./ 
mole.8 In the same manner AiTf(HCN) = 31.2 
and A/7f(NH3) =  —11.04 kcal./mole8 were used 
with D(H2N— H) =  102 and D(H—CN) = 114 
kcal./mole12 to obtain Ai7f(NH2) =  39 and AH {-  
(CN) = 93 kcal./mole. AIIf(N) was taken to be 
111 kcal./mole and AFIf(NH) was taken to be 81 
kcal./mole.13

Mass Spectra.— The 70 e.v. mass spectrum of 
ethylenimine obtained with the TOF mass spec
trometer is in agreement with that given in the 
A.P.I. tables of mass spectral data, serial no. 763.3 
Similar results were obtained for ethylene oxide and 
propylene oxide.2 The 70 e.v. spectrum for ethyl
ene sulfide, as reported in Table II, is new. Figure 
2 indicates the manner in which the abundance of 
the principal ions from these three compounds 
varies with the electron energy.

Ionization Potentials.— The electron impact ioni
zation potentials measured for ethylenimine and 
ethylene sulfide are vertical transitions according 
to the Franck-Condon principle. Calculation of 
the ionization potentials for these molecules using 
the equivalent orbital treatment14-15 leads to some 
interesting results. Table III presents these calcu
lations, based on the parameters given by Frank
lin15 for amines, and on parameters calculated by 
us for the sulfides and thiols. The disagreement

(8 ) F. D. Rossini, D. D. Wagman, W. H. Evans, S. Levine and I. 
Jaffe, “Selected Values of Chemical Thermodynamic Properties,” Na
tional Bureau of Standards Circular 500, U. S. Government Printing 
Office, Washington, D. C., 1952.

(9) F. H. Field and J. L. Franklin, “Electron Impact Phenomena 
and the Properties of Gaseous Ions,” Academic Press, New York, 
N. Y., 1957.

(10) R. A. Nelson and R. S. Jessup, J. Research Natl. Bur. Stand
ards, 48, 206 (1952).

(11) G. B. Guthrie, D. W. Scott and G. Waddington, J. Am. Chem. 
Soc., 74, 2795 (1952).

(12) T. L. Cottrell, “The Strengths of Chemical Bonds,” 2nd Edi
tion, Butterworths Scientific Publications, London, 1958, pp. 184, 187, 
188 and 271.

(13) J. L. Franklin, V. H. Dibeler, R. M. Reese and M. Krauss, 
J. Am. Chem. Soc., 80, 298 (1958).

(14) G. G. Hall, Trans. Faraday Soc., 49, 113 (1953); 50, 319 (1954).
(15) J. L. Franklin, «7. C h em : P h y s 22, 1304 (1954).

T a b l e  I I I

M o l e c u l a r  I o n i z a t i o n  P o t e n t i a l s  o f  S o m e  S u i  f u r  a n d  

N I T R O G E N - C O N T A I N I N G  C O M P O U N D S  

I o n i z a t i o n  p o t e n t i a l  ( e . v . )
M o l e c u l e C a l c d . M e a s d . R e f .

1 3 . 3 1 “
b

1 . 5 5 “
f 1 0 . 4 6
c

1 . 9 9

c h 3sh ( 9 . 4 4 ) 9 . 4 4 0 b

CH3CH2SH 9 . 3 0 9 . 2 9
b,c

CH3CH2CH21SH 9 . 2 8 9 . 1 9 5
b

( C H s k S 8 . 7 3 8 . 6 8 4 , 8 . 7 3 b,c

c h 2- s- c h 3c h 3 8 . 6 5 8 . 5 5
b

(CH»CH2)2S 8 . 5 8 8 . 4 3 , 8 . 4 8
b,c

CH.CHpS 9 . 0 8 8 . 8 7 d

c h 2c h 2c h 2s 8 . 4 3 8 . 6 4 «
L  J

CH2(CH2 )2CH2S
L  ___ 1

8 . 6 2 8 . 4 8 e

CH,(CH,):iCH,S 8 . 5 4 8 . 3 6 c
L  J

e
1 3 . 3 1 “

b
1 . 5 5 “

f 1 0 . 5 2 “
c

2 . 0 8 “

c h 2c h 2n h
! I

9 . 0 4 9 . 9 4 d

c h 2c h 2c h 2n h
L

3 . 3 5

CH2(CH2 )2CH,NH 
1 1

8 . 5 5 9 . 2 e,f

CH2(CH2 )3CH2NH
1_________________________ 1

8 . 4 7 9 . 2 e.f

“ These parameters are b y  Franklin. 15 6 See r e f .  21
c See ref. 22. d Data reported in this work. c J. Hissel, 
Bull. soc. roy. sci. Liege, 21, 457 (1952). 1 See ref. 18.

of the calculated and experimental results for ethyl
enimine is to be noted. Ionization potentials ob
tained by electron impact methods for amines16-18 
are significantly greater than those obtained by the 
photoionization method.19-22 It appears frcm this 
work that this is also true of the cyclic imines, 
and that the adiabatic ionization potential for 
ethylenimine will be closer to 9.1 e.v.

The calculations of the ionization potentials for 
the sulfur-containing compounds shown in Table III 
were carried out in the same manner as done by 
Franklin.15 A number of alkyl-sulfur compounds 
have been included here to test the applicability 
of the parameter c, calculated from the ionization 
potential of methanethiol. The agreement through
out is considered good, although there is a tend
ency for the calculated values to be slightly higher

(16) J. D. Morrison and A. J. C Nicholson, ib id ., 20, 1021 (1952).
(17) I .  Omura, K . Higasi and H .  Baba, Bull. Chem. Soc. Japan, 29, 

501, 504 (1956).
(18) J. Collin, Bull. soc. chim. Beiges, 62, 411 (1953); Bull soc. roy. 

sci. Liege, 23, 395 (1954), 25, 441 (1956); Can. J. Chem., 37, 1053 
(1959).

(19) K . Watanabe, J. Chem. Phys., 26, 542 (1957).
(20) K . Watanabe and J. R. M o ttl, ibid., 26, 1773 (1957).
(21) K . Watanabe, T. Nakayama and J. M o ttl, “ Final Report on 

Ionization Potential of Molecules by a Photoionization Method,”  
December, 1959. Dept. A rm y #5B99-01-004 ORD-#TB2-O01-OOR- 
§ 1624. Contract No. DA-04-200-ORD 480 and 737.

(22) L. D. Isaacs, W. C. Price and R. G. Ridley, “ Vacuum U ltra 
violet Spectra and Molecular Ionization Potentials,”  in “ The Threshold 
of Space,”  edited by M . Zelikoff, Pergamon Press, L td ., London, 1957, 
pp. 143-151.
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than the values determined experimentally. The 
ionization potential of 8.87 ±  0.15 e.v. reported 
here for ethylene sulfide is new, and is in agree
ment with the calculated value. Unfortunately, 
the ionization potentials of neither of the two 
heterocyclic compounds investigated here were 
calculated by Streitwieser using the co-technique,23 
but his theoretical calculations for some of the 
amines give rather high values, often in better 
agreement with electron impact results than with 
photoionization results, as is the case with the 
calculations made by Franklin.15

Ethylenimine
m/e 14.—The ion observed with this m / e value 

might be either CH2+ or N +. If it is CH2+, the 
neutral products would be HCN +  2H, and if it is 
N+, the neutral products would be C2H6. Field 
and Franklin9 give A7/f+(CH2) =  333 kcal./mole 
and A //f+(N) =  448 kcal./mole. Beynon’s high 
resolution technique24 would certainly be helpful 
in deciding the nature of this ion.

m/e 15.—From the energetics for the forma
tion of this ion, it appears that the ion is CH3+ and 
that the neutral fragments are H CN +  H rather 
than CH2N. A //f+(CH 3) obtained from the ther
mochemistry is about 35 kcal./m ole greater than 
that given by Field and Franklin.9 However, 
energetic considerations clearly rule out the pos
sibility that this ion is NH+. It would appear 
from the curves of Fig. 2 that this ion may actually 
occur v i a  decomposition of C2H4N + while still in the 
ion source.

m/e 26.— This ion apparently is C2H2+, but the 
neutral fragments might be either N H 2 +  H, in 
which case nearly perfect agreement is reached 
for AHf+(C2H2) with Field and Franklin’s9 values, 
or NH +  H2, in which case the value of A//f f (C2H2) 
is a little high, but still in range of values listed.9 
The tendency for results to be slightly high sug
gests that the process to form m/e 26 is as given 
in Table I.

m/e 27.— This ion is C2H 3+, and the neutral 
products formed with it are, on the basis of ob
served appearance potential, N H  +  H. Energetics 
rule out that this ion is HCN+, although at 70 e.v. 
there may be a contribution from H CN +; this 
could be observed with the high resolution tech
nique2“ if it were so.

m/e 28.—The energetics indicate that the prod
ucts are C2H4+ and NH. The calculated heat of 
formation of C2H4+ is 252 kcal./m ole which agrees 
reasonably well with AH,+(C2H4) =  255.9 How
ever, the very large peak corresponding to the 
(parent-15 amu) in the mass spectra of ethylene 
oxide, ethylenimine and ethylene sulfide suggests 
that at 70 e.v. this ion is due to the loss of a methyl 
group. I f  the process is C2H6N -*■ CH2N + +  CH3, 
AHf+(CH 2N) =  300 kcal./mole. The small m/e 
28 peak in the ethylene sulfide and ethylene oxide 
spectra indicates that loss of the hetero atom or 
group in these molecules is small. Isotopically 
labelled ethylenimine or high resolution mass

(23) A. Streitwieser, Jr., J. Am. Chem. Soc., 82, 4123 (1960).
(24) J. H. Beynon, “High Resolution Mass Spectrometry of Organic 

Materials,”  in “Advances in Mass Spectrometry,” edited by J. D. 
Waldron, Pergamon Press, London, 1959, pp. 328-354.

Fig. 1.—Lower energy of typical ionization efficiency 
curves for ethylene sulfide, ethylenimine and the xenon 
standard.

spectroscopy would help to establish this ion with 
greater certainty.

m/e 29.—Energetics appear to favor the forma
tion of CH 3N + +  CH2. The value calculated 
for AHf+(C2H6) is 210 kcal./mole for the reaction 
C2H6N —*- C2H5+ +  N. Tabulated values9 for 
A //f+(C2H6) are 224-240 kcal./mole. A //f+(H3- 
CN+) is calculated to be 253 kcal./mole if CH 2 is 
the neutral fragment. The literature9 gives A //f +- 
(CH 3N) =  246 to 264 kcal./mole.

m/e 38.— The appearance potential of this ion 
is 23.0 ±  0.4 e.v. This ion could only be C2N+, 
and the neutral products must be some combina
tion of hydrogen atoms and molecules. If 5H are 
the neutral products, A //f+ (C 2N) =  296 kcal./m ole; 
if H2 +  3H are products, A //f+(C2N) =  400 kcal. 
mole; and if the products are 2H2 +  H, A7/f+- 
(C2N) =  504 kcal./mole. Field and Franklin9 
give A //i+(C2HN) =  369 kcal./mole, suggesting 
A i/f+ (C 2N) ^ 400 kcal./m ole; on this basis the 
most reasonable neutral products would be H 2 +  
3H. Results of a mass spectrometric study of 
cyanogen and cyanoacetylenes by Dibeler, Reese 
and Franklin25 indicate A //f+(C2N) =  419 kcal./ 
mole. This is in approximate agreement with our 
results and substantiates the choice of this dissocia
tion process. Tate, et a l./ 6 give A .P .(C 2N +) from 
C2N 2 =  19.9 e.v., and list N  as the neutral frag
ment; from this datum and the heats of formation of

(25) V. H. Dibeler, R. M. Reese and J. L. Franklin, J .  Am. Chem. 
S o c . ,  83, 1813 (1961).

(26) J. T. Tate, P. T. Smith and A. L. Vaughn, Phys. Rev., 48, 525 
(1935).
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Fig. 2.-—Variation of the principal ions in the mass spec
tra of ethylene oxide, ethylenimine and ethylene sulfide 
with the energy of the impacting electrons.

cyanogen and atomic nitrogen, Ai7f+(C2N) =  447 
kcal./molc.

m /e  39.— This ion could only be C2N H +. The 
only process which has a value for A //f+(C2IIN) 
close to the value of ■~369 given by Field and 
Franklin9 is C2H5N ->  C2HN+ +  II2 +  2H. The 
appearance potential of 18.1 ±  0.6 e.v. gives 
A //f+(C2HN) =  340 kcal./mole.

m /e  40.— The two possible neutral products ac
companying m/e 40 are 3H, with a calculated 
A/Jf+(C2H2N) =  262 kcal./mole, and H2 +  H, with 
a calculated A //f+ (C 2H2N) =  365 kcal./mole. 
Tabulated values for the heats of formation of 
various ions list A //f+(C2H2N) =  299 kcal./m ole.9

m /e  41.— This ion, C2H 3N +, may have accom
panying neutral fragments of either H2 or 211. The 
value of A fff(C 2H3N) calculated for the former 
case is 377 kcal./mole and for the latter case is 273 
kcal./mole. It is suggested that this ion still may 
have a cyclic nature and that A //[+(C2H:iN) =  
273 kcal./mole. Field and Franklin9 indicate 
A //f+(C2H3N) =  309 kcal./mole from studies of 
CH3CN.

m /e  42.— It is possible that a cyclic structure is 
retained for this ion, C2H4N+. The only possible 
neutral fragment is H and this leads to a A //f+- 
(C2H4N) =  255 kcal./mole in fair agreement with 
results reported by Dibeler, Franklin and Reese.27

(27) V. II. Dibeler, J. L. Franklin and R. M. Reese, J. Am. Chem. 
Soc., 81, 6 8  (1959).

4 lie prominence of this ion in the spectrum (see 
Table 1) indicates the parent molecule ion loses H 
quite readily, more so than either ethylene sulfide 
or ethylene oxide.2 This suggests the H atom lost 
comes from the iminc group, giving a cyclic struc
ture for this ion.

H2C----- CH2

\  /
N

m /e  43.— The ionization potential of ethylen
imine, determined from the ionization efficiency 
curve of the ion of m/e =  43, is 9.94 ±  0.15 e.v. 
Thus, A //f+ (C 2H5N) is calculated to be 255 kcal./ 
mole.

Ethylene Sulfide
m /e  14.— This ion could only be CH2+. The 

neutral fragments produced with CPI2+ are be
lieved to be CS +  2FI on the basis of the following 
considerations. Smyth and Blewett28 give the 
ionization potential of CS as 10.6 ±  0.3 e.v. and 
Field and Franklin9 give Ai/f+(CS) =  300 kcal./ 
mole. This leads to ARf(CS) =  55 kcal./mole. 
Using this value, A //f+ (C H 2) for the above process 
is calculated to be 330 kcal./mole in close agree
ment with the value of 333 kcal./mole listed by 
Field and Franklin.9

m /e  26.— The only ion which can result from 
electron bombardment of ethylene sulfide to give 
m/e =  26 is C2H2+, and A //f+(C2H2) is calculated 
to be 347 kcal./mole, from the process shown in 
Table II. This value is high in comparison to the 
value given in the literature9 where A //f+(C2II2) =  
317 kcal./mole. The data shown in Fig. 2 sug
gest that m/e 26 is the result of the fragmentation 
of m/e 59 while still in the ion source, and thus the 
process of yielding the neutral fragments SH +  H 
is enhanced.

m /e  27.—The appearance potential of 14.6 ±  0.2
e.v. for m /e 27, C2II3+, from ethylene sulfide leads 
to a value of A flf+(C2H3) =  323 kcal./mole using 
the suggested process. The reaction to produce 
C2II3+ +  II +  S leads to a low value for AH f+-  
(C2II3). The literature9 value is A l/f+(C2II3) =  
280 kcal./mole.

m /e  32.—This ion could only be S +. The ac
companying neutral product is C2II4, giving 
AIIf+(S) =  309 kcal/m ole in good agreement with 
the va'ue of 301 kcal/mole listed by Field and Frank
lin.9 The medium sized m/e 32 peak observed at 
70 e.v. for ethylene sulfide indicates that the C -S  
bonds in this heterocyclic are weaker than the 
corresponding C -N  and C -0  bonds in the other 
heterocyclics. The other heterocyclics show almost 
no evidence of the elimination of the hetero atom or 
group as an ion upon electron impact.
K  m /e  34.— H2S+, the ion of m/e =  34, must be 
formed as a result of rearrangement, and therefore 
A77f+(H2S) calculated from the measured appear
ance potential is expected to be somewhat greater 
than that derived from the ionization potential of 
H 2S. The only reasonable neutral fragment here is 
C2II2, and this gives Ai7f+(FI2S) =  274 kcal./mole, 
substantially greater than the value of 236 kcal./ 
mole given by Field and Franklin.9

(28) H. D. Smyth and J. P. Ble^vett, Phys. Rev., 46, 276 (1934).
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m/e 45.— This ion is the result of the formation of 
CHS+ and neutral fragments of either CH 3 or 
CH-. +  H. Considering the reaction to be C2H4S 
CHS+ +  CH3, a value of AHf+(CHS) =  271 kcal./ 
mole is calculated. This is a reasonable value in 
relation to the value of AHf+(CS) =  300 kcal./ 
mole.9 A  value of 178 kcal./mole is calculated for 
Ai7f+(CHS) taking the neutral products to be 
CH2 +  IT This latter value appears too low in 
relation to the value for A/T+(CS) and the value 
of AHf+(CH3S) =  222 kcal./mole.9

m /e  46.— A value of 245 kcal./m ole is calculated 
for Ai7f+(CH2S) assuming the neutral fragment 
to be CH2. AUf+(CH2S) has not previously been 
determined, but our value appears reasonable in 
comparing it with Afif+(CHS) =  271 kcal./mole, 
determined above, and A l/f+(CH 3S) =  222 kcal./ 
mole.9

m/e 58.— Energetics indicate that the ion and 
neutral fragments responsible for m/e =  58 are 
C2H2S+ and 2H, respectively. The calculated 
AHf+(C2H2S) is 261 kcal./mole, in agreement 
with the value of 265 kcal./mole given by Field and 
Franklin.9

m/e 59.— This ion could only result from the

ionization and dissociation of the parent molecule 
CTTS to give C2H 3S+ +  H. The calculated A fff+- 
(C2H 3S) for this process is 230 kcal./mole. The 
relatively large (parent minus hydrogen) peak at 
m/e 59 for 70 e.v. electrons provides additional 
evidence for the weakened bonds in ethylene sulfide 
compared to those in ethylene oxide and ethylen- 
imine.

m/e 60.— This is the parent molecule-ion, 
C2H4S+ Using the observed ionization potential 
and the heat of formation of the parent compound, 
a value of A/7f+(C2H4S) =  224 kcal./mole is calcu
lated. It seems reasonable to assume that this ion 
retains its cyclic structure.

Further theoretical considerations of the con
struction of the mass spectra of these three-mem- 
bered heterocyclics will be given in more detail in a 
future publication.

Acknowledgment.— The authors wish to thank 
Dr. R. P. Ciula for providing the samples of ethyl
ene sulfide. It is a pleasure to acknowledge the 
aid and comments of Dr. J. L. Franklin, and we 
wish to thank him for making available some of his 
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STUDY OF THE HYDROGENATION OF ETHYLENE OVER HOMOGENIZED
COPPER-NICKEL ALLOY FILMS

B y M. K. G h a r p u r e y 1 a n d  P. IT E m m e t t  

The Johns Hopkins University, Baltimore, M d .
Received January 6, 1961

Heating thin films of copper on nickel or nickel on copper at 300° in hydrogen overnight produced homogeneous films 
having the same color and the same activity for ethylene hydrogenation regardless of the order in which the metals were de
posited. The relative reaction rates for ethylene hydrogenation per unit area at 0° were 9.3, 13.9, 8.3, 8 .8 , 9.7 and 6 . 6  for 
pure Ni, and alloys containing 87.4, 74.2, 67.0, 63.0 and 18.3% nickel, respectively.

Introduction
The activity of Cu-N i alloy catalysts for the 

hydrogenation of ethylene was reported by Best 
and Russell2 to be several orders higher than that 
of a pure Ni catalyst. Hall and Emmett3 later 
reported a dependence of the activity for this reac
tion on the pretreatment, for a series of alloy cata
lysts. When the catalysts, after reduction, were 
flushed with helium at reduction temperature and 
then cooled in helium, the activity decreased with 
an increase in copper content of the catalyst. 
On the other hand, if the catalysts were cooled in 
hydrogen, the activity related to alloy composition 
showed two maxima (see Fig. 1), and the initial 
additions of Cu to the Ni increased the activity to 
nearly twice that of pure Ni. Hydrogen thus was 
shown to have a promoting effect on the activity 
of the alloy catalysts and a poisoning effect on the 
activity of the pure Ni catalyst. These results 
were confirmed in substance by Pass4 who studied a 
series of alloys in the range 0 -24%  Cu.

(1) National Chemical Laboratory, Poona, India.
(2) R. J. Best and W. W. Russell, ,/. Am. Chcm. Soc., 76, 838 (1954).
(3) W. K. Hall and P. II. Emmett, J. Rhys. Chcm., 63, 1102 (1959).
(4) G. Pass, unpublished results.

Hall, Cheselske and Lutinski5 recently have 
shown that Cu-N i alloys cooled in hydrogen take 
up an amount of this gas many times as large as 
would be required for a monolayer, whereas pure 
nickel catalysts take up a monolayer or less. 
This large take-up of hydrogen has further been 
shown by them to be associated with the small 
amount of oxygen left in the alloys by incomplete 
reduction. The question arises as to whether the 
promoting effect of hydrogen on the alloy catalysts 
is indirectly related to the presence of small amounts 
of oxygen within the catalyst. One approach to 
answering this question appeared to be the study 
of ethylene hydrogenation on alloy catalysts pre
pared as homogeneous evaporated Cu-N i films 
and hence substantially free of oxygen.

Almost all the work on evaporated film catalysts 
has been on pure metal films, since homogeneous 
alloy films are difficult to prepare. Recently, Foss 
and Eyring6 reported that sintered Ni films for the 
ethylene hydrogenation reaction could be reacti-

(5) W. K. Hall, F. J. Cheselske and F. E. Lutinski, International 
Conference on Catalysis, Paris, 1960.

(6 ) J. G. Foss and H. Eyring, J. Phys. Chem., 62, 103 (1958); J. G. 
Foss, Ph.D., Thesis, Univ. of Utah, 1956.
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vated by baking them in hydrogen for half an hour 
at a temperature of about 250-300°. This sug
gested the possibility of preparing Cu-N i alloy 
films by homogenizing in hydrogen at 300° com
posite films made by depositing copper on nickel 
or nickel on copper.

Experimental
An apparatus similar to that of Foss and Eyring was sot 

up. The reaction chamber was a 500-ml. Pyrex balloon 
flask and the electrical connections were made through a 
press seal. Ni was evaporated from a Driver & Harris A 
Grade Ni wire (0.02" dia.) which was weighed before and 
after the experiment. Two equal pieces of Cu wire (0.01" 
dia.) were placed on a W-wire loop at some distance (~1 
cm.) from each other, the plane of the W-wire loop being 
normal to that of the Ni wire loop. The Ni and W wires 
were fastened tightly to the Ni-leads with short pieces of 
fine gauge Ni wire. Desiccants, followed by Na-K alloy 
bubblers were used for both ethylene (Research Grade) and 
hydrogen, the latter being initially passed through a pal
ladium deoxo catalyst.

The evacuation procedure also was similar to that of Foss 
and Eyring. After evacuation to about 1 yu, the reaction 
chamber was filled to a pressure of 5 cm. with H2. The two 
filaments were in turn kept at dull red heat for 10 min. each 
to reduce the oxide layer. Then the chamber was heated 
to 500° for one hour. At the end of this period, it was 
evacuated and left pumping out at this high temperature 
overnight after the two filaments were degassed by being 
heated to a dull red heat. From this stage onwards, the 
reaction chamber before cooling was protected from the rest 
of the apparatus by a Dry Ice trap.

The required quantity of Ni was evaporated by passing 
constant current (~6.0 amp.) through the wire for cer
tain lengths of time. The whole quantity of Cu was evap
orated off the W-wire. The Ni and the Cu were evaporated 
one after the other to obtain possible extremes in surface 
composition. On completion of the evaporation, the com
posite film was baked at 300° in 5 cm. of H2 overnight.

After a dose of 50:50 mixture of ethylene and hydrogen 
(total pressure ~1.5 mm.), was admitted, the course of 
the reaction was followed with a silicone oil manometer and 
a travelling microscope. The activity of the films was 
normally measured successively at 0, —15, +15 and 0°. 
Reactivation of the film between runs was carried out by 
pumping it for ten minutes, baking it at about 250-300° in 
5 cm. of hydrogen for 40 minutes, cooling it to reaction tem
perature, and pumping it for 10 minutes. The fourth run, 
at 0°, alwaj's showed the same activity as the first run.

The surface area of the films was measured by the B.E.T. 
method with ethane (area assumed per ethane molecule = 
20.5 A.2) at liquid oxygen temperature. Pretreatment of 
the film with ethane was made at room temperature. The 
accuracy of the surface area measurement was estimated to 
be about 10%.

Results
Two experiments were performed initially: 

1. The activity of a 12.5 mg. of Ni film was deter
mined at a series of temperatures. 2.05 mg. of Cu 
then was evaporated on top of the reactivated film. 
The activity of this composite film was measured 
after a half hour bake-out in 5 cm. of hydrogen at 
about 300° and was found to be nearly double 
that of the pure Ni film. 2 . 12.5 mg. of Ni was
evaporated on top of a 2.05 mg. of Cu film. The 
activity of this film after a similar bake-out in 
hydrogen7 was found to be equal to that of the 
composite film in the first experiment where Cu 
was evaporated on top of the Ni.

The above runs indicated that a half hour treat
ment at 300° was enough to homogenize the films.

(7) The homogenization here observed is not unreasonable when 
compared to that for 1000 A. Ni-Cu films recently reported by Reiser 
| J. Appl. Physics, 31, 362 (I960)] in vacuo at 400°. The present films 
had an average thickness of 300 to 500 A.

ATOM PER CENT Ni.
Fig. 1.—Hydrogenation of ethylene over Ni-Cu alloy

films: G, present data (temp. 0°); A, data of Hall and Em
mett (temp. 200°K.). The activity units for the two sets of 
data have been made to coincide for nickel.

In the later experiments, however, the films were 
left overnight in 5 cm. of hydrogen at 300° before 
measuring the activities. (It was found that Cu- 
rich films took slightly longer for homogenization.) 
The results of these later experiments are sum
marized in Table I and Fig. 1. The following points 
may be noted: (a) The specific activity at 0° of a 
Cu-topped 87.4% Ni film is decidedly higher 
(~ 1 .5  X ) than that of pure Ni film, (b) The 
specific activities of Ni-topped 63% Ni film and Cu- 
topped 67% Ni film lie in the same range within 
experimental error of surface area measurement,
(c) The activity of the Cu-topped 81.7% Cu film is 
higher than that of pure Cu by at least two orders, 
and comparable to that of the pure Ni film, (d) 
The initial coppery appearance (on the outside) 
of the Ni-topped films would disappear in a short 
time when they were baked at 300°, thus indicat
ing substantial homogenization in this shore time,
(e) The above results are consistent with a good 
homogenization of the films throughout their 
thickness. Variation in the composition of the 
film over the surface is expected due to directional 
non-uniformity of deposition leading to variation 
in the relative layer thickness of the individual 
metals. Such variations can of course be minimized 
with proper geometry, etc., of the evaporation 
set-up. (f) The above results follow similar trends 
to those of Hall and Emmett on hydrogen-cooled 
catalysts (Fig. 1). (g) From the activity deter
minations at only three temperatures, it is not cor
rect to determine the exact value of the activation 
energies. However, the activation energy appeared 
to lie in the range 6 -8  kcal./mole with no systematic 
variation with composition. This also is in approxi
mate agreement with the results of Hall and Em
mett, though they found the activation energy to 
be more nearly 4 kcal./mole. (h) The reaction 
was found to be zero order in ethylene and about 
0.4 order in hydrogen over both pure Cu and 74.2% 
nickel films.
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T able  I
Metal

Mass
evapd.

mg.
Atom 
% Ni

de
posited

on
top

Activity 
at 0° 

(arbitrary 
units) ka

Surface
area,
cm.2

Specific 
activity at 

0°, Aio = k/A
11.77 100 Ni 4521 5 4 9 9 . 3

15.7 87.4 Cu 5815 418 13.9
15.7 74.2 Cu 4563 550 8.3
1 2 . 5 5 67.0 Cu 4452 509 8.8
1 1 . 3 63.0 Ni 6582 680 9.7
15.15 18.3 Cu 4563 695 0.6
15.8 0 Cu 8.314 VI

I
00 0 0 ^ .028

“ The k as here specified — 106 k' where k' is defined by
— dP/df = k' P h, = k' (2P  — Po)/2. P is the total pres
sure at time t, and Po is the initial pressure, t is in seconds.

Summary
The above experiments show a simple means of 

obtaining homogeneous alloy films for catalytic 
work. The results are in approximate agreement

with those of Hall and Emmett both as regards 
the variation of activity with alloy composition 
and the near constancy of the activation energy. 
They suggest that the presence of unreduced 
oxide in the bulk catalyst does not appear to be 
essential to the rather high activities (compared 
to that of pure Ni) of some of the C u-N i alloy 
catalysts observed for the ethylene hydrogenation 
reaction.
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T. H. Stoddart for many helpful discussions. The 
appointment of M . K. Gharpurey was supported by 
the International Cooperation Administration 
under the Visiting Research Scientists Program ad
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THE HEAT CAPACITY OF ALUMINUM OXIDE FROM 1000 TO 2000° AND 
OF THORIUM DIOXIDE FROM 1000 TO 2500O1

B y M i c h a e l  H o c h 2 a n d  H e r r i c k  L. J o h n s t o n  

The Department o f Chemistry, Ohio State University, Columbus, Ohio
Received January 6, 1961

The enthalpy (referred to 0°) of aluminum oxide (corundum) and of thorium dioxide has been determined in the range 
1000-2000 and 1000-2500°, respectively, by the drop method.

Introduction
AI2O3 was proposed by the Calorimetry Con

ference in 1949 as a high temperature standard for 
heat capacity measurements. Its heat content 
has been determined by various authors from room 
temperature to 1500°. This work extends the 
range up to 2 0 0 0 °, just below the melting point.

T h 0 2 is another oxide which would be suitable 
for a high temperature heat capacity standard. 
It does not absorb water or carbon dioxide.

Experimental Procedure
Samples.—The aluminum oxide was synthetic sapphire, 

obtained from the National Bureau of Standards, which pre
pared it for the Calorimetry Conference, March, 1949. The 
weight of the sample was 3.9335 g.

The thorium dioxide was obtained from the Maywood 
Chemical Company and was the same material as that used 
for vapor pressure measurements by the authors.3 The 
weight of the sample was 9.188 g.

Apparatus.—The apparatus was described in a previous 
paper.4 As A12Oj reacts with tantalum, the sample holder 
was made of molybdenum. The Th02 was contained in a 
tantalum holder. Only a very slight reaction was observed 
between Th02 and the tantalum holder. Only two sets of 
runs were taken with each substance, one with the empty cell 
and one with the filled cell.

Results
Twenty runs were made on each empty cell. 

This made it possible to interpolate linearly be-
(1) This work was supported in part by the Office of Naval Research 

under contract with the Ohio State University Research Foundation.
(2) Department of Metallurgical Engineering, University of Cin

cinnati, Cincinnati 21, Ohio.
(3) M. Hoch and H. L. Johnston, J. Am. Chem. Soc., 76, 4833 

(1954).
(4) M. Hoch and H. L. Johnston, J. Phys. Chem., 65, 855 (1961).

tween two empty runs for the temperature of 
the run with the sample. The interpolation 
interval was always less than 50°. This pro
cedure was necessary because the same setting 
of the oscillator did not always give exactly the 
same temperature.

Table I gives the data for AI2O3. Table II 
gives those for T h 0 2. Column 1 gives the order 
in which the points were taken; column 2  gives 
the temperature; column 3 gives the mass of 
mercury corresponding to AI2O3 or T h 0 2; and 
column 4 gives the enthalpy in calories per gram 
of substance (1 g. Hg =  64.638 cal.).

for A120 3: II  =  0.2584 X t +  1.375 X 10'~H* 

for Th02: I l f  =  0.06269 X t +  4.70 X 10“6/2
with a standard deviation of 0 .6  and 0 .8 % , re
spectively.

T able  I
H eat  C ontent of A luminum  Oxid e

Run no. Temp., °C.
Mass of mercury,« 

g.
Enthalpy 

Hot, eal./g.
6 1282 21.24 349.0
1 1315 22.26 365.8
2 1463 24.94 409.8
3 1598 27.45 451.1
4 1706 29.23 480.3
5 1713 29.41 483.3
7 1912 .33.02 542.6
8 1930 33.41 549.0
9 2005 34.87 573.0

“ Weight of A120, was 3.9335 g.
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T a b l e  IT

H e a t  C o n t e n t  o f  T h o r i u m  D i o x i d e
do

M a s s  o f  m e rcu ry ,® E n t h a l p y  Ho*,
R u n  no . T e m p . ,  ° C . g. c a l . / g .

i 1 1 8 3 1 1 . 3 5 7 9 . 8 5 "03o 1%
6

3

1 1 8 5

1 4 6 1

1 1 . 4 4

1 4 . 5 9

8 0 . 4 8

1 0 2 . 6 4
tq

. 2 ? ~ T  o  o ¿  
n  s P

0 . 0 ^

4 1 6 1 0 1 6 . 2 5 1 1 4 . 3 2 - ^  C
8 1 7 8 0 1 8 . 1 6 1 2 7 . 7 6 c3CD o o THIS RESEARCH
5 2 0 5 3 2 1 . 0 5 1 4 8 . 0 9

X!
o . 2 7 O  GRONOW 8 SCHWIETE

2 2 1 8 4 2 2 . 4 3 1 5 7 . 8 0 HEi ©  SCHOMATE 8 NAYLOR
9 2 2 1 5 2 2 . 8 1 1 6 0 . 4 7 CDCh
7 2 3 8 0 2 5 . 0 0 1 7 5 . 8 8

m
. 2 6 1 , 1 , 1 , 1 , 1

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

“ Weight of Th02 was 9.188 g.
The heat content of the sample plus container 

was 3 times as large as that of the AI0O3 sample 
itself and 3.5 times as large as that of the TI1O2 
sample. The error in a single determination of the 
amount of Hg will be the same as previously, 
0.08% .4 Combining two determinations, and re
membering that the value being calculated is 
1/3.5 as large as the measured value, the maxi
mum error in the Hg determination will be 2 X 
0.08 X  3.5 =  0.56%. The precision, using the 
same errors for the weight of the sample and 
temperature as in the previous paper,4 will be 
\ /0 .562 +  0.292 +  0.052 =  0.63%.

Using the limits for any systematic errors as 
determined before,4 0.35%, and the maximum un
certainty in the temperature scale,4 0.3%, an 
accuracy for Ho4 of within 1.3% of the true values is 
obtained.

The errors involved are the same as described 
previously,4 with the exception of the error in the 
determination of the amount of Hg, because in this 
case the enthalpy is the difference of two large 
numbers.

Comparison with Earlier Data.— Figures 1 and 2 
show the plot of the mean specific heat, cp =  
H 0t/t, from the different sources. The authors’ 
data on A120 3 agree well (within 1%) with those 
of Gronow and Schwiete5 and of Shomate and 
Naylor.6 The agreement between the authors’

Temp., °C.
Fig. 1.—Specific heat of A!/),,.

Temp., °C.
Fig. 2.—Specific heat of Th02.

data on ThC>2 and the data of Jaeger and Veen- 
stra7 and of Southard8 is also good (within 1%).

Acknowledgment.— W e wish to thank J. B. 
Zink, A. J. Lamantia and R. W . Mattox, who 
helped us with the experimental work.

(5) II. E. Gronow and H. E. Schwiete, Z. anorg. Chem., 216, 185
(1933).

(6) C. II. Shomate and B. F. Naylor, J. Am. Chem. Soc.t 67, 72 
(1945).

( 7 )  F. M .  J a e g e r  and W. A. Veenstra, Proc. Acad. Sci. Amsterdam, 
37, 327 (1939).

(8) T. C. Southard, J .  Am. Chem. Soc., 63, 3142 (1941).
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THE SYSTEM POTASSIUM BROMIDE-CADMIUM CHLORIDE.
I. SURFACE TENSION1

By P i . B. E l l i s , J. E. S m i t h , W. S . W i l c o x  a n d  E .  H .  C r o o k 2
Southern Research Institute, Birmingham, A  labama 

John H arrison Laboratory o f Chemistry, University o f Pennsylvania, Philadelphia, Pennsylvania
Received January 9, 1961

Studies of the surface tension of the fused-salt system CdCh-KBr at temperatures from near the melting point up to 900° 
show that mixtures of these salts are decidedly non-ideal. Deviations from ideality reach maxima at 40 to 60 mole % KBr 
in the stated temperature range. Also there is a pronounced maximum in the “surface heat of mixing” at about 60 mole % 
KBr, which may be taken as an indication of the formation of complex ions. Observations of Raman spectra of melts at 
67 and 40 mole % KBr show evidence of complex ion formation. The observed Raman bands may be attributed to the 
species GdClj“ and CdBri” .

R. B. Ellis, J. E. Smith, W. S. W ilcox a n d  E. H. Crook Vol. 65

Introduction
Our work on the surface tension of fused salts3 

has led us into a study of the K B r-C dC l2 system, a 
system in which the formation of ionic aggregates 
or complex ions is to be expected. The Gibbs ab
sorption rule leads one to expect the surface tension 
of a solution to be quite sensitive to small changes 
in solute species. Surface tension measurements 
should, therefore, give some indication of changes 
in the ionic constitution of liquids. We have 
measured the surface tension of the K Br-CdCh 
system at 10 compositions ranging from 0 to 100 
mole %  KBr, and we have found this system to be 
far from ideal.

The existence of complex ions in fused salt sys
tems has been the subject of much investigation 
and discussion, and a large part of this attention 
has been directed toward systems involving cad
mium halides. Several reviews have covered the 
subject.4-8 The cadmium halide complexes are of 
the type Cd X n-(n-2), where n =  3, 4 or 6, as dis
cussed by Barton and Bloom.9 The tetra-halo 
complex, C dX 4-2, appears to be the most likely one 
in most cases; see, for example, Bredig and Van 
Artsdalen.10 M ost of the work has been done on 
chloride systems; none has been reported in which 
more than one halogen was involved.

Boardman, Palmer and Heymann11 have re
ported surface tension measurements on a number 
of binary salt mixtures containing three ions, that 
is, two cations with the same anion or two anions 
with the same cation. They found that the sur-

(1) This work was supported in part by the Atomic Energy Commis
sion under Contract No. AT-(40-l)-2073 and in part by Southern Re
search Institute.

(2) Rohm and Haas Research Laboratories, Bristol, Pa.
(3) R. B. Ellis, J. E. Smith, and E. B. Baker, J. P hys. Chem., 62, 766 

(1958).
(4) H. Bloom and J. O’M. Bockris, in “ Modern Aspects of Electro

chemistry No. 2,” Ed. by J. O’M. Bockris, Academic Press, New 
York, N. Y., 1959. Oh. 3.

(5) G. J. Janz, C. Solomons and H. J. Gardner, Chem . Revs., 58, 461 
(1958).

(6) E. R. Van Artsdalen, J. Phys. Chem., 60, 172 (1956).
(7) E. R. Van Artsdalen, in “The Structure of Electrolytic Solu

tions,” Ed. by W. .1. Hamer, John Wiley & Sons, Inc., New York, N. Y., 
1959.

(8) G. E. Blorngren and E. R. Van Artsdalen, in “Annual Review of 
Physical Chemistry.” Vol. 11, Ed. by H. Eyring, Annual Reviews, Inc., 
Palo Alto, Calif., I960.

(9) J. L. Barton and II. Bloom, Trans Faraday Foe., 55, 1792 (1959).
(10) M. A. Bredig and E. R. Van Artsdalen, ./. Chem. Phys., 24, 478 

(1956).
(11) N. K. Boa-dinan, A. 1U Palmer and 10. Heymann, Trans. 

Faraday F o e ., 51, 277 (1955).

face tension of mixtures showed negative deviations 
from simple additivity that increased with the dif
ference in size of the replacing ions. In some sys
tems the deviations were of sufficient magnitude 
to imply the presence of complex ions, one of these 
systems being K C l-C dC l2. However they did not 
consider a case in which there were two cations and 
two anions.

Experimental
A. Surface Tension. Method.—Measurements wore 

made by the maximum bubble pressure method and surface 
tensions were calculated from the data by means of the 
Schrodinger equation. 12

Apparatus.—The surface tension apparatus was a con
ventional maximum-bubble-pressure apparatus13 set up in 
a specially designed dry box. The capillary consisted of a 
short length of 19-gauge hypodermic tubing, made of 89% 
platinum- 1 1  % ruthenium alloy, swaged into a heavy plat
inum-rhodium shank 12 in. long. The precious metal 
shank was in turn welded to a nickel extension tube which 
gave an over-all length of 24 in. The capillary bore was 
measured across eight diameters, 45° apart, by means of a 
microscope fitted with a filar micrometer. Measurements 
were made to ± 0 . 0 0 0 1  cm., and corrections were applied for 
thermal expansion. Bubbles were formed with helium, and 
a helium atmosphere was provided within the dry box. 
Sample temperatures were determined by use of a calibrated 
platinum-platinum-1 0 % rhodium thermocouple, encased 
in a platinum-rhodium sheath and immersed in the salt 
mixture.

Chemicals.—In all cases, Baker and Adamson reagent 
grade salts were used. KBr and CdCl2 were oven dried at 
2 0 0 °, mixed in the proper proportions, and ground in a ball 
mill. Drying of the mixtures was then completed by heat
ing in  vacuo at 400°. If possible, they were filtered through 
a Pyrex frit before use. The melting points of mixtures con
taining more than 0.6 mole fraction KBr prevented their 
filtration in a Pyrex apparatus. These KBr-rich mixtures 
were fused in Vycor and reground before use. In all cases, 
the mixtures were handled in an inert atmosphere after the 
drying in  vacuo.

Procedure.—For a typical ruu, three samples of a given 
mixture, contained in platinum crucibles within sealed jars, 
were placed in the dry box of the surface tension apparatus, 
the box was thoroughly purged, and measurements were 
made on each sample, over the desired temperature range, 
on succeeding days. Bubble pressures were measured with 
a dibutyl phthalate manometer, read with a cathetometcr. 
Immersion of the capillary to a known depth and bubble 
formation were accomplished by accepted techniques. 13 

The density of the mixture, needed for surface tension cal
culations, was determined in a separate apparatus by the 
buoyancy method. Sample compositions were determined 
by analysis after the run—cadmium by direct EDTA titra- 12 13

(12) E. Schroedinger, Ann. Physik, 46, 413 (1917).
(13) See for example; F. M. Jaeger, Z. anorg. allgem. Chem., 101, 1 

(1917) ; and “Optical Activity and High Temperature Measurements,” 
McGraw-Hill Book Co., New York, N. Y., 1930; and J. L. Dahl and 
F. R. Duke, J. Phys. Chem., 62, 1498 (1958).
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7  = a — bt ( 7  m dynes/cm.

M o l e  %  
K B r a b

Standard
dev.

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

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

1 0 0 1 3 9 . 6 . 0 6 6 8 . 8

tion, bromide and chloride by potentiometric titration with 
AglSTOs, and potassium by difference.

B. Raman Spectra. Apparatus.—A Cary Model 81 
recording Raman spectrometer was used with the modifica
tion that a resistance wire was wrapped around the sample 
tube and cooling water was circulated through the container 
for the filter solution. The mercury blue line at 4358 A. 
was used for excitation.

Procedure.—A filled sample tube was heated in a flame 
to melt down the sample and then was placed in the instru
ment where the resistance winding was used to maintain 
the desired temperature. Exposures next were made by 
the normal procedure for this instrument.

Results
A. Surface Tension.— The coefficients of linear 

equations derived by the method of least squares 
from the surface tension data obtained on the K B r- 
CdCl2 system are listed in Table I. Surface ten
sion-composition isotherms, calculated from these 
equations at three temperatures, are shown in Fig. 
1. Our data for KBr are 2%  higher than those 
reported by Bloom, Davis and James,14 and our 
CdCl2 data are 2%  higher than the values given 
by Boardman.11 The difference in the CdCl2 data 
is not surprising since Boardman determined the 
surface tension of this salt relative to tap water 
and our measurements were made by an absolute 
technique. The details of Bloom ’s work are not 
available to us at the present time and hence no 
comparison between our data and his is justified. 
It should be noted, however, that the KBr and 
CdCl2 data presented in this paper have about the 
same temperature coefficients as the data given by 
the other investigators. The precision of the points 
plotted in Fig. 1 is about ±0 .5  dyne/cm. in surface 
tension and ± 0 .5  mole %  in composition. Al
though the experimental errors are of the same order 
of magnitude as the difference between the points 
from 0 to 60 mole %  KBr, in the 600° isotherm, 
the points were connected as shown in order to 
emphasize the minima at 40 and 60 mole % , since 
the subsequent discussion supports the reality of 
these minima.

B. Raman Spectra.— Spectra on samples of two 
compositions, 40 and 67 mole %  KBr, were ob
tained at temperatures varying from 300 to 500°. 
In each case two peaks were seen, at 251-252 and 
168-169 cm .-1 . An estimate of line intensities 
was not made, since the experimental techniques

(14) H. Bloom, F. G. Davis and D. W. James, Tran s. Faraday Soc., 
56, 1179 (1900).

and t in degrees centigrade)
No. of 

individual 
points 

involved
Temp, range, 

°C.
Hsf a

dynes/cm.

(i/s/a):n0 — 
(/7s/a)m

dynes/cm.
14 580-921 109 0
26 569-769 109 - 4
30 479-736 127 +3
51 484-702 132 +3
25 466-642 130 - 3
31 479-684 121 -18
22 571-812 140 - 3
31 622-926 144 - 4
25 688-912 147 - 6
11 803-972 158 0

CdCl, Mole % KBr
Fig. 1.—Surface tension-composition isotherms in KBr- 

CdCl2 system.

for obtaining the spectra were designed to give only 
qualitative results.

Discussion
Our measurements on the KBr-CdCl2 system 

indicate an extreme deviation from additivity at 
40 mole %  KBr and a secondary deviation at 60 
mole %  KBr. The temperature dependence of the 
magnitude of the deviation is of particular interest. 
At 40 mole %  KBr the deviation from additivity 
increases with increasing temperature while at 60 
mole %  K Br the reverse is true. The same types of 
variations appear in Boardman’s K C l-C dCl2 data. 
Noteworthy is the fact that, in both sets of data, 
the composition of the extreme deviation shifts 
from 60 to 40%  with increasing temperature.

Bloom 14 has suggested that the surface heat 
content per unit area, H s/& =  7  — T {d y / d T ), be
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used to compare different salts. The quantity 
H a/& is a constant, independent of temperature, 
for a molten salt. In the case of an ideal mixture, 
surface heat contents should be additive

(F ./.V  = X 1(H .,a) 1 +  X.fff.,.),
where X  is the mole fraction of the component 
indicated by the subscript. The difference be
tween the actual value of (H B/a)m and the ideal 
value, (H a/a)m°, is, therefore, a measure of the 
departure of a system from ideal behavior. H s/a 
for non-polar liquids is about 50 dyne cm .-1 and 
for highly ionic molten salts 150-200 dyne cm .-1. 
Furthermore, as the degree of association of a 
molten salt increases, H s/a decreases; e.g., the 
value for M gCh is 77 dyne cm .-1 (Bloom 14).

The values of H sla. and of — (H a/a) m,
calculated from our data, are given in Table I. 
Except for the value at 60 mole %  KBr, the devia
tions from additivity are not significant. The 
extremum at 60 mole %  K Br may be taken as 
evidence for the existence of a complex on the basis 
of Bloom’s argument. It should be emphasized 
that the composition at the extremum is not neces
sarily the composition of the complex.

The variation of surface entropy with composi
tion, indicated by the temperature coefficients in 
Table I, has some significance. There is a nega
tive deviation from additivity at 60 mole %  KBr, 
which is consistent with the existence of a complex, 
since a complex would introduce more order into 
the distribution of ions in the surface. On the 
other hand, there is a positive deviation near 40 
mole %  KBr, indicating an increase in disorder, 
which may be explained in terms of mixing several 
ionic and molecular species of different sizes.

Mile. Delwaulle15 has reported an intense Raman 
line for the CdBr4= complex at 163 cm .-1 and one 
for C d C lr  at 250 cm .-1, in aqueous and alcoholic 
solutions. Bues16 found a line at 259 cm .-1 in fused 
mixtures in the K C l-C dC l2 system. He originally 
assigned the formula CdCl3~ to the chloro-complex, 
but it is now generally accepted that the formula 
should be C d C lr .10 Crook17 also has observed 
the line at 258-259 cm .-1 in fused K C l-C dC l2 mix
tures and one at 166-167 cm .-1 in fused K B r- 
CdBr2 mixtures. Therefore the spectra of our 
K B r-C dC l2 mixtures may be taken as evidence 
for the existence of both C d B rr  and C d C lr  com
plexes in these mixtures.

Conclusions
It is not possible to describe accurately the na-

(15) M .  L. Delwaulle, Bull. soc. chim. France, 1294 (1955).
(16) W. Bues, Z. anorg. allgem. Chem., 2 7 9 ,  104 (1955).
(17) E. H. Crook and J. O’M. Bockris, to be published.

ture of the surface of fused mixtures of KBr and 
CdCl2, but there are some assumptions that are 
reasonable and consistent with existing data.

1. The species present will be principally deter
mined by these equilibria, assuming that K Br is 
completely ionized

CdCl2 Cd+++  2 Cl- 
CdCl2 +  2C1- CdClr
CdBr2^ ± :  Cd + + +  2Br~ 
CdBr2 +  2Br- CdBr4"

k =  0.0031 (1)
k = 4.4 (2)
k = 0.00035 (3)

(4)
The equilibrium constants were determined at 300° 
by Van Artsdalen.6 It is reasonable to assume 
that the equilibrium constant for (4) will be some
what higher than that for (2). It is evident that 
there will be very little free C d ++. From the 
relative magnitudes of the k ’s, B r-  will' tend to 
displace C l-

CdCl2 +  2Br- CdBr2 +  2C1~ k =  10 (5)
CdClr +  4Br,~ ^Z± CdBrr +  4C1-  k >  1 (6 )

and the concentration of free B r-  will be low ex
cept for mixtures rich in KBr (>75  mole % ) .  
Therefore the species present in major proportions 
will be K +, CdCl2, CdBr2, CdCLr, C d B rr and 
Cl- .

2. The un-ionized molecules, CdCl2 and CdBr2, 
and the complex ions, C d C lr  and C dB rr, will 
tend to lower the surface tension of the mixtures 
and therefore will tend to concentrate in the sur
face.

3. The large negative deviations in surface 
tension from additivity, reaching an extremum at 
40 mole %  KBr, are due to the presence in the sur
face of the several species. The fact that the 
deviations become more pronounced with increas
ing temperature may be explained on the basis of 
the disorder arising from the variety of species of 
different sizes.

4. The secondary minimum in the surface ten
sion-composition isotherms at 60 mole %  KBr 
may be associated with a maximum total concen
tration of complexes, C d C lr  and C dB rr.
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THE KINETICS OF THE REACTIONS OF AROMATIC HYDROCARBONS IN
SULFURIC ACID. III. MESITAMENE
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Mesitylene undergoes sulfonation to the mono-sulfonic acid, and simultaneously mesitylenesulfonic acid desulfonates, in 
an excess of 12-13.5 molar sulfuric acid at 12.3°. Upon resolution of the observed first-order velocity constant into k$ and 
kn it is found that ko increases with sulfuric acid concentration less rapidly than the kWs for the sulfonic acids of penta- 
methvlbenzene, isodurene and durene. To interpret the results, use is made of the kinetic law found valid for sulfonation, 
and of the data of Feilchenfeld on the solubility of sulfonic acids in aqueous sulfuric acid.

Unlike benzene and the mono-, the di-, and the 
other trimethylbenzenes1.2 when mesitylene (1,3,5- 
methylbenzene) is dissolved in 12-13.5 M  H2S 0 4 
at 12.3°, sulfonation does not go to completion. 
When mesitylenesulfonic acid is dissolved in 
sulfuric acid of the same range of concentration, 
both mesitylene and mesitylenesulfonic acid are 
present at the end of the reaction. In both cases 
the appearance or disappearance of mesitylene
sulfonic acid is of the first order in the substrate in 
the constant medium of excess sulfuric acid and 
water. This is illustrated in Fig. 1. The initial 
concentration of mesitylene or its sulfonic acid was 
approximately 7 X  10 ~bM .

A graph of the logarithm of the observed first- 
order velocity constant vs. the molarity of sulfuric 
acid is given in Fig. 2. The results of experiments 
starting with mesitylene are not as reproducible 
as with benzene, due to the slowness and difficulty 
of dissolving mesitylene. The procedure finally 
adopted was to make up a stock solution of one 
drop of mesitylene in 200 ml. of 10 M II2SO4 (at 5°), 
then to a portion of this add concentrated sulfuric 
acid, with cooling, to give the desired molarity. 
Two samples of mesitylene were used, one from the 
Aldrich Chemical Company, one from the National 
Bureau of Standards; no difference in rate was 
found between them. For the experiments start
ing with mesitylene

log(ic„bs X 10B) = -7.045 +  0.7954[H:S04],t (1)
as found by the method of least squares; for the 
experiments starting with the sulfonic acid

log(/t0b. x 1 0 s) = -5.670 +  0.6946[H2S04]st (2 )
over the range 12.5-13.7 M  H2SO4. For all the 
experiments the least-squares equation is

log(fcobs X 10s) = -6.281 +  0.7400[H2S04]8t (3)

and k D that for désulfonation in the same constant 
medium containing an excess of sulfuric acid and 
water. Although the equilibrium constant for the 
reversible sulfonation cannot be calculated due to 
insufficient information about the species concen
trations, it is still possible to calculate ks and /cD 
for an individual experiment since the medium is 
constant. The experiments starting with the 
sulfonic acid were utilized for this purpose, and the 
resolution into ks and ku  was made as follows.

A weighed amount (approximately 2 mg.) of 
the sodium salt of mesitylenesulfonic acid was 
shaken with 100 ml. of standardized sulfuric acid 
(cooled to 5°) for three minutes, then filtered 
through a fritted glass filter (Corning C). The 
10-cm. absorption cell was filled with the solution, 
placed in the thermostated compartment of the 
Cary spectrophotometer, and the recorder started 
immediately scanning from 290 to 270 m/q the peak 
being at 283 m/u. The process of preparing the 
solution and rilling the cell took approximately 
ten minutes. In order ro determine the initial 
concentration of sulfonic acid, the material left on 
the filter was dissolved in 100 ml. of water and the 
weight of the sulfonate determined from the 
optical density. The optical density of the reacting 
solution at the time of m_xing, OD0, was obtained 
by a short extrapolation, and O D » was obrained 
from the final reading (after 9 to 10 half-lives) by 
making a small correction for the absorption of the 
mesitylene present at equilibrium. The sodium salt 
of mesitylenesulfonic acid used in the kinetic runs 
were prepared from mesitylene according to the 
directions of Gibson3; it was purified by repeated 
recrystallization from water, and its spectrum 
showed no disulfonate. Letting F  be the fraction 
of sulfonic acid reacted, the ratio of sulfonic acid 
to hydrocarbon at equilibrium, R , is given by

All first-order constants were calculated using 
decadic logarithms and are 0.4343 times the true 
constant; the unit of time is the minute, and [H2- 
S 0 4]st is the stoichiometric concentration of sul
furic acid in moles per liter.

Since the first-order constants (/c0bs) are about 
the same starting with mesitylene and with its 
sulfonic acid, and since the spectra of the final 
solutions were identical, it is presumed that

fcobs — ks T  ku (4)
where ks is the velocity constant for sulfonation

(1) M. Kilpatrick, M. W. Meyer and M. L. Kilpatrick, J. Phys. 
Chem., 64, 1433 (1960).

(2) M. Kilpatrick and M. W. Meyer, ibid., 65, 530 (1961).

1 — F  _  OD » _  ks
~ ~ F ~  ~ ODo -  OD^ “  Yd

(5)

The velocity coefficients ks and /cD calculated from
(4) and (5) for each experiment are given in the 
sixth and seventh columns of Table I. A  similar 
resolution of fc0bs is theoretically possible for the 
reaction starting with mesitylene, but mesitylene’s 
slowness to dissolve and its low molar extinction 
make the determination of the initial hydrocarbon 
concentration impractical.

Log ks, log kr> and log k0bs for these runs are 
shown in Fig. 3 plotted vs. [H2S 0 4]st, the least-

(3) C. S. Gibson, J. Chem. Soc., 117, 948 (1920).
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Time (min.).
Fig.l— Mesitvlene— typical first-order plots: (1) sul

fonation of mesitvlene in 12.90 M  H2S04 at 12.3°, kDbS = 
15.6 X 10-4 min.-1 iy 2 =  193 min. (2) Désulfonation of 
mesitylenesulfonic acid in 12.49 M  H2S04 at 12.3°, k0b» = 
10.0 X 10-4 min.-1, iy 2 =  301 min.

Molarity H2S04.
Fig. 2.— Sulfonation of mesitylene and désulfonation of 

mesitylenesulfonic acid in H2SO4 at 12.3°: O, log (k „hs X 
106) for sulfonation; □, log (k 0bs X 106) for désulfonation.

T a b l e  I

T h e  D é s u l f o n a t i o n  o f  M e s i t y l e n e s u l f o n i c  A c i d  a n d  

t h e  C a l c u l a t i o n  o f  ks a n d  kj> f r o m  koha a t  12.3°
& o b s  kS

H . S O i ,
m o l e s / 1.

X  1 0 ‘ , 
m i n .  1 O D o O D o = R

X  1 0 ‘ , 
m i n .  1

t o  X  1 0 1, 
m i n . _1

13.50 51.7 0.766 0.571 2.93 38.5 13.2
13.37 41.6 .855 .573 2.03 27.8 13.7
13.07 24.7 .800 .439 1.22 13.6 11.1
12.90 19.3 .815 .418 1.05 9.92 9.42
12.49 10.0 1.594 .443 0.385 2.78 7.22
12.49 10.2 1.152 .308 .365 2.72 7.45
11.99 5.87 1.158 .183 .188 0.93 4.94

squares lines for the two former being given by the 
equations

log(fcs X  106) = -11.255 +  1.1000[H2S04]»t (6 )

and
log(fcD X 106) = —0.816 +  0.2941 [H2S04]st (7)

It will be noted that below 12.5 molar the curve 
for log fcobs in Fig. 3 (and also in Fig. 1) departs 
from linearity, its slope approaching that of the 
log kj) line as sulfonation becomes very slow. 
If log 7cd is plotted vs. — H 0, a slope of 0.59 is found; 
this is considerably less than the slope of 0.90 
reported by Long and Paul4 5 for the kinetic data of 
Crafts6 on the désulfonation of mesitylenesulfonic 
acid in 0.55 to 6 M  H2S 0 4 at 100°. It is also con
siderably less than the slopes vs. — H 0 found by 
Kilpatrick and Meyer6 for the sulfonic acid of 
pentamethylbenzene (0.94), of isodurene (0.85), 
and of durene (1.00) at 12.3°.

It was shown in the first and second papers of 
this series1'2 that the rates of sulfonation obtained 
in vitriol support the kinetic equation 
— d[ArH] = d[ZArSOsH] = fc x [H2SQ4pBp [ArH] x p  

At d£ ch2o
(8)

where F  is an activity coefficient ratio which over 
the limited range of fH2S 04]st where convenient 
rates are obtained for a particular hydrocarbon, 
would not be expected to undergo great change. 
If under the experimental conditions employed 
sulfonation proceeds by a single path, and if only 
one of the partial reactions which comprise the net 
reaction is rate-determining, and if the stoichio
metric number of this partial reaction is unity7 
the rate of the back reaction (désulfonation) may 
be obtained from that of the forward (sulfonation) 
and the equilibrium constant of the net reaction 
by means of the equation

to = vs( Q /K )  (9)
where Q is the activity ratio (products/educts) and 
K  the equilibrium constant of the net reaction.

Although mesitylene functions as a base in a 
solvent of high proton availability, the ratio 
[ArH -H +]/[ArH j in 12-13.5 M  H2S 0 4 would be 
less than 0.01, as calculated from the pK a value 
reported by Kilpatrick and Hyman,8 and mesity
lene may be taken to be present largely as the 
neutral molecule. If mesitylenesulfonic acid is 
present largely as the neutral molecule, the net 
reaction is

ArH +  HS04-  +  HaO+ ArS03H +  2H20 (10)
since in this range molecular sulfuric acid is not 
present at concentrations sufficiently high to have 
been estimated by Raman spectral measurements. 
Taking K 10 as the equilibrium constant of reaction
10, and K u  as that of the reaction

H2S04 +  H»0 H30+ +  HS04-  (11)
it follows from (8) and (9) that if the assumptions 
above are met

k [H,0+][HS01-][ArS0,H]
~ K iqK u2 X fflfl.o ■ x 1 (12)

(4) F. A. Long and M. A. Paul, Chem. Revs., 57, 935 (1957).
(5) J. M. Crafts, Bull. soc. chim. France, [4] 1, 917 (1907).
(6) M. Kilpatrick and M. W. Meyer, to be published.
(7) J. Horiuti, J. Res. Inst. Catalysis, Hokkaido University, 1, 8 

(1948); J. Horiuti and T. Nakamura, Z. physik. Chem. {Frankfurt),
11, 358 (1957).

(8) M. Kilpatrick and H. Hyman, J. Am. Chem. Soc., 80, 77 (1958).
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where F ' is a new activity coefficient ratio. On the 
other hand, if the sulfonic acid is present largely 
as anion, the net reaction would be

ArH +  HSO,
and

: ArS03-  +  h 20 (13)

V-D A [H30+]2[HSQ4-] [ArSOw]
A l l 2A l 3  '  a 2 H 2 0

(14)

Thus if (12) applies, one expects /cD to increase 
with increasing sulfuric acid concentration about 
as rapidly as [H30  + ][H S04- ]/a Hio, and if (14) 
applies, about as rapidly as [H30 + ]2 [H S04- ] /  
a2H,o- However, taking [H30 + ] as 2 [S04“ ] +  
[HS04- ], and using for [S04=] and [HS04- ] values 
taken from the curves given by Young9 and Wal- 
rafen, at 25°, and for aH2o the values of Giauque,10 
A’d  was found to increase with [H2S 0 4]st less rapidly 
than called for by either (12) or (14), the decrease 
in /cd/ Î [H 30 +] [HS04“']/aH2o} amounting to ca. 
40%, and that in fcD/ { [ H 30 + ]2fH S04~ l/a 2H2o! to 
ca. 80% over the measured range. For the other 
sulfonic acids, the rates of increase of /cD with 
[H2S 04]st were found to lie between that expected 
from (12) and that expected from (14), the rate of 
increase in the case of isodurenesulfonic being close 
to that expected from (12).

It was proposed by Lantz11 that the rate of 
désulfonation was governed by the reaction be
tween the anion of the sulfonic acid and the molecu
lar H2S 0 4 (or other undissociated strong acid). 
In accordance with this viewr, Cowdrey and Davies12 
showed that, in 40-70%  H 2S 04, the first-order 
velocity constants of Pinnow13 for the désulfonation 
of quinolsulfonic acid, at 100°, and of Lantz14 for 
that of naphthalene-A-sulfonic acid, could be 
represented roughly by the equation

Ad = A'[H30 +][HS04 y|/[H20] (15)
if [H30 + ] and [IIS04- ] were taken as equal to 
[H2S 04]st and [H20 ] as equal to the stoichiometric 
concentration of water minus [H2S 0 4]st- A  de
crease in fcn with increase in the concentration of 
strong acid Lantz attributed to a decrease in the 
proportion of substrate present as anion. It may 
be mentioned that Pinnow found simultaneous 
sulfonation of quinol and désulfonation of its sul
fonic acid to occur over the range 7.8 to 9.8 M  
H2S 04, and that for his data log %  plotted vs. 
— Ho gives a line with slope close to 0.6.

A  different mechanism of désulfonation was pro
posed by Spryskov and Ovsyankina,15 viz., forma
tion of a complex between ArS03H and H30  + in a 
pre-equilibrium, followed by the rate-determining re
action of the complex with any available bases (C l- , 
H S 04- , ArSOs- ) to yield the hydrocarbon, H2S 04, 
and the secondary acid product. Leitman and 
Pevzner16 studied the désulfonation of the sulfonic 9 10 11 12 13 14 15

(9) T. F. Young and G. E. Walrafen, Trans. Faraday S oc., 57, (34) 
(1961).

(10) W. F. Giauque, E. W. Hornung, J. E. Kunzler and T. R. Rubin, 
J . A m . Chem. Soc., 82, 62 (I960).

(11) R. Lantz, Bull. soc. chim. France, [5] 12, 1004 (1945).
(12) W. A. Cowdre3r and D. S. Davies, J . Chem. S oc., 1871 (1949).
(13) J. Pinnow, Z. Elektrochem., 21, 380 (1915); 23, 243 (1917).
(14) R. Lantz, B ull. soc. chim. France [5], 2, 2092 (1935).
(15) A. A. Spryskov and N. A. Ovsyankina, Sbornik. Statei Obshchei 

K h im ,, 2, 878 (1953).

Molarity H2S04.
Fig. 3.—Desulfonation of mesitylenesulfonic acid at 1 2 .3 °: 

□, log (&„bS X  106) = log [(ks +  Ad ) X  105] ; o, log (As X  
106) ; A, log (Aw X  10«)-

acids of the xylene isomers and ethylbenzene in an 
excess of 50-75%  sulfuric acid at 90-145°, and con
sidered their findings to support Spryskov’s mech
anism. Their systems were homogeneous at the 
start, but at the higher temperatures and sulfuric 
acid concentrations a hydrocarbon phase appeared 
as the reaction progressed in some cases. The first- 
order constant, which was calculated from the 
formula for an irreversible reaction, was found to 
rise to a maximum in the range 60-70%  sulfuric 
acid ; the subsequent decrease was attributed to the 
occurrence of sulfonation. The location of the 
maximum at ca. 65% sulfuric acid Leitman and 
Pevzner regarded as strong evidence for the 
Spryskov mechanism, since Feilchenfeld17 had 
shown that in the systems p-toluenesulfonic acid 
-H 2S 04-LI20  and p-xylenesulfonic acid-H 2SQ4-  
H20  maximum separation of the phase A rS03H • LI20  
occurred at a spent acid composition of ca. 65% 
H2S 0 4 and had interpreted the increase in solubility 
of the sulfonic acid at higher concentrations of 
sulfuric acid as due to the formation of the cation 
ArSO»H,+.

It seems desirable to examine Feilchenfeld’s 
results in more detail. Upon adding sulfuric acid 
to a saturated solution of A rS03H in water at 30°, 
the solubility of the sulfonic acid decreases, then 
remains at a fairly constant low value, and finally 
increases. His interpretation is that in the region 
of initial decrease in solubility the A rS03-  is reacting 
with H 30 + to form the molecular acid; in the region 
of fairly constant low solubility (ca. 55-80%  H 2S 0 4 
for p-toluenesulfonic, 50-75%  H2S 0 4 for p-xylene- 
sulfonic acid) the sulfonic acid is present pre
dominantly as molecular acid; in the region of 
final marked increase in solubility [H30 +]/[H 20 ] 
is large and the reaction

(16) Y. I. Leitman and M. S. Pevzner, J. A p p lied  Chem., U .S .S .R ., 
32, 2830 (1959).

(17) H, Feilchenfeld, Ind. Eng. Chem., 48, 1935 (1956),
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ArS03H +  H30+ ArS03H2 + +  H20 (16)

is pulled to the right. The ion ArS03H 2+ had pre
viously been suggested to explain the results of 
cryoscopic studies13 in sulfuric acid.

The mechanism of désulfonation proposed by 
Spryskov, with A rS03H -H 30  + as an Arrhenius 
intermediate, and its reaction with H S04~ (in 
vitriol) as the rate-determining step, requires the 
transition state to be constructed from A rS03H, 
H 30 +  and HSO4- ; if the reversible désulfonation- 
sulfonation proceeds by a single path with a single 
rate-determining step, the same transition state is 
involved in sulfonation. For sulfonation, however, 
we found the transition state to be constructed 
from A ril and H2S2O7 (or its equivalent) .1’2 The 
solubility study of Feilchenfeld suggests that above 
65%  sulfuric acid there is probably a new species 
of sulfonic acid present in increasing and appreciable 
quantity. The species ArS03H -H 30  + appears 
more probable than the unhydrated A rS03H2+ 
deduced from cryoscopic measurements with 100%  
sulfuric acid; cf. the species H 5S0 5 + (or II30 +- 
(H2SO4)) which is believed to exist in 80-100%  
sulfuric acid,18 19'9 while the species H3S 0 4+ becomes 
important only above 98%.

Returning to the question of désulfonation in 
vitriol, let us examine the consequences of assuming 
the sulfonic acid to be present partly as A rS03H 
and partly as A rS03H -H 30 +, and of taking the 
latter to be unreactive. It also will be assumed 
that simultaneous sulfonation occurs. at a rate 
given by (8), and that there is in the reaction

(18) R. J. Gillespie and J. A. Loisten, Quart. Rev. (London), 8, 40 
(1954).

(19) P. A. H. Wyatt, Trans. Faraday Soc., 56, 490 (1960).

scheme a single rate-determining step. Then if 
the average value of the classical equilibrium con
stant for the reaction

ArSOsH +  HsO+ : ArS03II-H30 H (17)
over the range of [IIoS041st used is (K n )c

[ArS03H] = [ArSOaHR/ll +  (A'17)„[H30+] J
where [ArS03H ]st is the stoichiometric concentra
tion of sulfonic acid, and from (12)

Vd
h w [H30 +] [HSO4 - ] [ArS03H]Bt 

A,«Au2 a„l0ll +  (A „)e[H30+)l (18)

If this applies, to explain the results obtained it is 
necessary for mesitylenesulfonic acid to have a 
greater tendency to form the cation A rS03H • H30  + 
than the other sulfonic acids. In particular, in the 
case of mesitylene and isodurene, which in anhy
drous hydrofluoric acid undergo the reaction A rtl 
+  HF <=̂  A rH -H + +  F~ to about the same extent.20 
and whose sulfonic acids desulfonate at comparable 
rates in 12-13.5 M  sulfuric acid, the slopes obtained 
on plotting log fcD vs. — H 0 are 0.59 and 0.85, re
spectively. Thus, although the hydrocarbons show 
about the same tendency to attach a proton, their 
sulfonic acids may show rather different tendencies 
to attach the bulkier H30 +, and one might expect 
the attachment to be easier for the more sym
metrical mesitylenesulfonic acid.
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Phase equilibria in the system Nb20 i,-Ta20 5  have been reinvestigated using thermal analysis and X-ray techniques. 
The results are not in agreement, with Schafer, Durkop and Jori’s proposed diagram, which shows a continuous series of 
homogeneous solid solutions. A compound formed above 1450°, having the composition 2 Nb20 5 .Ta20 5 , has been indexed 
on the basis of a body centered cubic unit cell with an =  15.76 A. Below 1450°, the compound decomposes sluggishly to 
form a two nhase region extending from 25-51 mole % Ta20 5. An explanation is offered t. 0  account for the apparent re
versibility of Nb2Os phases reported by Schafer, et al.

Introduction
Studies of the systems alkali oxide with Ta20 5 

indicate that there is no one-to-one correspondence 
with compounds formed in analogous niobat.e 
systems.2 This is somewhat, surprising since their 
analytical chemistry is in general similar. Further
more, their cations coordinate oxygen octahedrally 
and have essentially the same ionic radii, leading 
one to suspect that the oxides are also structurally 
similar.

(1) This paper was presented in part at the 136th ACS Meeting in 
September 1959.

(2) A. Reisman and F. Holtzberg, J. Am. Chem. Soc., 80, 6503 
(1958).

In 1954, Schäfer, Durkop and Jori3 published the 
results of a partial X -ray study of the interaction 
of niobium and tantalum pentoxides. The X-ray 
data were interpreted as being indicative of the 
formation of a continuous series of solid solutions 
between the end members. It was suggested that 
if a region of heterogeneity exists in the mixed oxide 
system, it does so in a narrow composition interval. 
The authors, however, were unable to detect its 
presence. Their interpretation is based primarily 
on the belief that their experiments showed Nb20 6 
to be dimorphic. It is significant that the proof of

(3) H. Schäfer, A. Durkop and M. Jori, Z. anorg. allgem.. Chem., 
275, 19 (1954).
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Fig. 1.—Phase diagram of the system Nb20 5-Ta20 5.

reversibility of the N b20s phase transformation re
quired the addition of Ta205  to Nb20 5 rich samples, 
and N b2C>5 to Ta20 5 rich samples under isothermal 
conditions. The apparent reversibility observed 
in such experiments was extrapolated to pure 
Nb205  for which reversibility could not be estab
lished on the basis of thermal cycling.

While Nb20 5, depending on method of prepara
tion and thermal history, has been reported to 
exist in a variety of crystallographic forms, it has 
been demonstrated4-5 that only one of the modifi
cations is stable under standard pressures. Ta20 5, 
on the other hand, is clearly dimorphic with a 
reversible phase transformation at 1360°,6 neither 
of the phases being isomorphic with the stable 
Nb20 8 phase. Consequently, one would not ex
pect to observe the formation of a continuous 
series of homogeneous solid solutions in the equilib
rium oxide-oxide interaction. These considera
tions have led to a reinvestigation of the system 
Nb20 6-T a 20 6.

(4) F. Holtzberg, A. Reisman, M. Berry and M. Berkenblit, J. Am. 
Chem. Soc., 79, 2039 (1957b

(5) A. Reisman and F. Holtzberg, ibid., 81, 3182 (1959).
(6) A. Reisman, F. Holtzberg, M. Berkenblit and M. Berry, ibid., 

78, 4514 (1956).

Experimental Procedure
A. Sample Preparation.—Samples of high purity Nb20 5 

and Ta20 5 powder obtained from the Fansteel Metallurgical 
Company were dried at 1000° for 24 hours and then weighed, 
mixed in a rotating vial and fired at 1460°. The reaction 
mixtures were then ground and examined with X-rays. 
The procedure was repeated until no further change was ob
served in X-ray patterns, and generally required a 4-day 
cycling.

B. X-Ray .—325 mesh powder samples were examined 
with a Philips Diffractometer and Debye-Scherrer camera 
using Ni filtered Cu radiation.

C. D.T.A.—The differential thermal analysis apparatus 
previously described7 was used to establish the solidus curve 
in the region 0 to 20 mole %  Ta2Os.

D. Strip Furnace.—A rhodium strip furnace was em
ployed in conjunction with a Leeds and Northrup optical 
pyrometer to analyze general trends in liquidus behavior 
beyond the 20 mole % Ta2Oa composition.

Discussion
Since transformations in Nb20 6-T a 20 6 solid solu

tions are sluggish, the system lent itself to the 
application of quenching techniques. Samples 
which had initially been equilibrated at 1460° were 
divided into two fractions. One fraction was heated 
at 1000° over a six-month period, and then incre
mentally equilibrated to 1460° with intervening

(7) A. Reisman anil F. Holtzberg, J. Phys. Chem., 64, 748 (1960).
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T a b l e  I
H e a t  T r e a t m e n t  D a t a

NO = Nb2Of, Nb,a = Nbaüsa»

&CAIIC'l ■Ta2Or,
Ta. — TasOs Ta„ = TaeOsas

T, " C .  
M u l e  %  N b

moo 1400 1300 1320 1300 1 2 0 0 1 1 0 0 1 0 0 0

LOO a-Nb a-Nb a-Nb a-Nb a-NI)
98 o-Nb„
9(5 a-Nbss a-Nb,, a-Nb,,
94
92

a-Nbs, 
<y- Nb„ a-Nb„ a-Nb,,

90 ff-Nbgs
8 8 a-Nb,a a-Nb„ a-Nb„ a-Nbas a-Nb,,
8(5 o-Nb„
84 a-Nbs, a-Nb,, a-Nbaa
82 a-Nbss
80 a-Nb33 o-Nb„ a-Nbaa a-Nbas
78 «-Nb«, a-N bs,
7(5 tt-Nbss a-Nbs3 a-Nb,, a-Nbaa a-Nbas a-NbM
74 ÎV XI).,, a-Nbs3, a-Nb,a, a-Nbas, a-Nbss, a-Nb,,,

2 : 1 /3-TaS5 /S-Tas, /3-Ta3s /3-Tass /3-Tass
72 ffl-Nbss, a-Nb,a,

2 : 1 0 -Tass
70 a-Nb3s, a-Nbsa, a-Nbaa, a-Nb,,,

2 : 1 /3-Ta,, /3-Ta„ /3-Ta„
6 8 a-Nb,„ a-Nbaa,

2 : 1 /S-Ta,,
67 2 : 1

6 6 Ot~ -L â>ss; a-Nbas, a-Nb,a, a-Nb,,, a-Nbas, a-Nbss,
2 : 1 /S-Tas, /3-Ta„ /3-Tas3 /3-Ta,s /3-Ta„

64 a-TaSa, a-Nbsa,
2:1 /3-TaS3

62 a-Tasa, a-Nb,8, a-Nbas, a-Nb,,,
2:1 /3-Ta„ /3-Ta,s /3-Ta,,

60 a-Ta,s, a-Nb,,,
2:1 a-Ta,,

58 o-Ta5S] a-Nb.„ a-Nb „, a-Nb,,, a-Nb,,, a-N bss,
2:1 S-Ta,, (3-Ta.a /S-TaM /3-Tass /3-T a83

56 a — T H a s , a-Nb,,,
2:1 /3-Ta„

54 a-Tass, a-Nbaa, a-Nb,,, a-Nbaa,
2 : 1 j3-Ta„ /3-Ta,, /S-Tass

52 a-Ta,,, a-Nb,,,
2 : 1 /3-TaS3

50 a-Tass, a-Nb,,, a-Nbas, a-Nbsa, a-Nb,,, a-Nb,,,
2 : 1 /3-TaS3 /3-Ta<s i8 -Ta„ (3-Tas, /3-Tass

48 a-TaS3, /3-Ta„ /3-T a,s /3-Ta„ /3-Taas /3-Ta,,
2 : 1

46 a-Ta3S, /3-Tass /3-Ta,, /3-Ta,,
2 : 1

44 a-Ta,,
42 «-Ta,s /3-Ta,s /3-Ta,a /3-Ta,, /3-Tas9 /3-Ta3S
38 P-Ta„ /3-Taas
36 /3-Ta33

30 a-TaS9 a-Tass
/3-Ta,,

/9-Ta,, /3-Ta,a /3-Tasa /3-Tass

2 2 /3-Tass /3-Ta33

18 /3-Tass /S-Tas, /3-Tas, /3-Ta,,
14 (3-Ta„
1 0 ff-Ta5S /3-Tass i3-Tass /3-Ta,, /3-Ta a.

6 (3-Ta„ /3-TaB9

2 /3-Ta„ (S-Ta,,
0 a-Ta a-Ta —► /3-Ta /3-Ta /3-Ta /3-Ta /3-Ta /3-Ta

X -ray characterization after quenching from given limit in order to compare the results obtained in 
isotherms. The high temperature fraction was approaching equilibrium from two directions, 
correspondingly treated to the lower temperature Because of apparently lower diffusion rates at the
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lower temperatures, the samples required anywhere 
from three weeks to six-months of heat treatment be
fore X-ray patterns showed reproducibility.

In the course of thermal treatment, it was found 
that the samples acted as “ getters”  for the trace 
quantities of silica and alumina present in the 
furnace atmosphere. The absorption of silica and 
alumina during lengthy heat treatment required to 
achieve equilibrium was sufficient to alter mark
edly the structural characteristics of the niobia- 
tantala mixed phases. Although no attempt was 
made to partially elucidate the systems X b 20 6 or 
Ta20 6 with Si02, Al20 ;i or both, test samples of the 
pentoxides prepared with the suspected con
taminants gave X-ray patterns identical with those 
exhibited by the samples believed to be contami
nated. The contamination was minimized by using 
closed platinum crucibles and large (50-100 g.) 
quantities of reactants. Since the pure pentoxides 
were found to be extremely sensitive to such con
tamination, they were used as controls in all heat 
treatments. Under these, conditions no discernible 
change was detected in X -ray patterns of the end 
members or in the freezing point of Nb20 6. It is 
suggested that some of the uncorroborated X b 20 6 
phases, heretofore reported in the literature, may 
be the result of such contamination.

Sub-solidus Equilibria of the System Nb20 6-  
Ta20 6.— The proposed equilibrium phase diagram 
based on the results shown in Tables I and II is 
illustrated in Fig. 1.

T a b l e  II
T h e r m a l  D a t a  f o r  t h e  System  N l> (  ) 5- T a 20 5

N bjO s , Ta îOe, S o l id us
m o le ,  % m o le ,  % tra n s i t io n ,

too 0 1 4 9 1

98 2 1 4 9 4

96 4 1 4 9 8

94 6 1 5 0 0

92 8 1 5 0 2

90 1 0 1 5 0 6

8 8 .12 1 5 1 0

8 6 1 4 1 5 1 4

84 1 6 1 5 2 0

82 1 8 1 5 2 5

80 2 0 1 5 3 1

A. The 1460° Isotherm.— Figure 1 shows a 
homogeneous region a-N b20 Ess extending from 0 
to 25 mole %  Ta20 5. The system then enters a two 
phase region bounded by 25 and 33 mole %  Ta20 5. 
In addition to the a-Nl^Osss diffraction pattern, 
a new pattern, not characteristic of any of the 
known stable or metastable phases of the end mem
bers, is obtained. The new pattern increases in 
intensity from 25-33 mole %  Ta20 E with an at
tendant decrease of intensity of a  X b 2(\ ,s lines. 
The pattern of the pure phase was observed at 33 
mole %  Ta20 6, with the nearest small whole number 
ratio being 2Nb20 5-Ta20 5. The compound was 
indexed on the basis of a body centered cubic unit 
cell with a  =  15.76 A. The solid solubility of either 
Nb2C>5 or Ta20 6 in the 2:1 compound is extremely 
small, since no homogeneous region was observed 
for this phase at either higher or lower Ta20 6 com
position, within the limits of the experiment.

The question of whether the compound melts 
congruently or incongruently could not be re
solved by means of X-rays alone, even though an 
extensive a -X b20 53S region might be indicative of 
a periteetic type liquidus behavior. Examination 
of the liquidus between 0 and 20 mole %  Ta20 6 
with differential thermal analysis, and from 20 to 40 
mole %  Ta20 6 with strip furnace techniques, showed 
that the liquidus and solidus curves increased 
monotonically with increasing Ta20 5 concentra
tion, confirming that the system is periteetic.

From 34-45 mole %  Ta20 5 there is a two phase 
region of 2Xb20 6-Ta20 E with a-Ta->( )5ss, showing 
analogous X-ray intensity variation as described 
above. The high temperature polymorphic struc
ture of a-Ta20 5 persists from 46-100 mole %  Ta20 E.

It is interesting to note that the lattice constants 
of neither the a-Nb20 6ss nor a-Ta20 63S varied as a 
function of composition in their respective exten
sive regions. This probably is a consequence, of the 
similarity of ionic radii o: the two elements.

The Diagram below 1450°.— The temperature of 
the a —* /3-Ta20 6 transformation is elevated by the 
addition of X b20 5, intersecting the a-Ta2058S- 
2Nb20 6-Ta2()f miscibility gap between 1400 and 
1450°.

2N1)2()5Ta2Of is unstable below 1450° and in the 
range 25-51 mole %  Ta2Oe the compound de
composes to form the two phases a -X b20 5s8 and 
/3-Ta2()5ss. The /3-Ta20 6ss extends from 51-100 
mole %  Ta2G6.

The liquidus curves have been sketched into the 
diagram as they might appear, being consistent 
with the small range of D T A  data obtained, the 
melting point of the end members, and the sub
solidus diagram.

From an examination of Fig. 1 it is apparent that, 
the region 25 to 51 mole %  Ta20 6 would give the 
most experimental difficulty. In other legions 
where simple solid solution exists, the observation 
of a single phase was taken as an indication that 
reaction was complete. While attempting to de
fine the phase boundaries in the region 25 to 51 
mole %  Ta20 5, several false equilibria were en
countered. For samples originally fired at 1460° 
it was found that 2Nb20 E Ta20 5 persisted down to 
the 1000° isotherm and the boundaries varied with 
each experiment in the initial series of experiments 
where equilibration was assumed complete in 3 to 4 
days. The transition 2X b 20 5 -Ta205  to a -X b 205SS 
and /3-Ta20 6ss requires a significant reconstruction 
and equilibrium was only achieved when samples 
were treated at the appropriate temperatures for 
periods extending from three weeks to six months. 
The outline of the 2 Xl>.(UTa205  to a -X b20 6ss 
plus d-TadUs boundary has been shown as a 
dotted line since within the limits of experiments 
performed, it is not possible to state the actual trans
formation temperature. X o  attempt was made to 
establish the temperature of transformation to 
better than the 50° interval suggested b y  the 
diagram.

Schafer’s diagram indicates a continuous series of 
solid solutions interrupted only by a single phase 
transformation line. Unfortunately, his inter
pretation indicating homogeneous solid solution is
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not validated by his own data. Whereas he as
sumed he was moving across a simple crystallo
graphic phase transformation line, he actually was 
moving across miscibility gap boundaries. Super
imposing Schafer’s phase transformation line on the 
present diagram one observes the following inter
esting consequence of varying Nb20 5 and Ta20 5 
concentrations to either induce or verify reversibil
ity of transformations. Starting with a-N b20s8i! 
an addition of sufficient fi-Ta^Os will result in a 
sample having a composition in the /3-Ta205ss field.

If one adds more a -X b20 5, the displacement in 
composition can now carry into the a-N b2C>5 field. 
Since metastable 7-N b20 64-6 is crystallographically 
indistinguishable from stable /3-Ta20 6, the impres
sion created is that reversibility has been achieved 
and that a thermodynamic phase transformation 
does exist.
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Miss B. Agule for sample preparation and Mrs. C. 
Pfister and Mrs. M. Witzen for collection of X-ray 
data.

U L T R A V I O L E T  S P E C T R A  O E  — N = C — C = N —  C O M P O U N D S 1

By  R o b e r t  H. L i n n e l l  a n d  A. K a c z m a r c z y k 2 
Department o f  Chem istry, University o f Vermont, Burlington, Vt.

Received January IS, 1961

Ultraviolet spectra in buffered aqueous and sulfuric acid solutions for 2,2'-bipyridine, o-phenanthroline, 2,2'-biquinoline 
and pyrazine are reported. p K m v  and pKna,** values are determined from the spectra and correlated with the structures 
of the several compounds.

Compounds containing the •—N = C — C = X T—  
structure have been widely used as chelating 
agents. Ionization constants have been reported 
for several of these compounds, and the previous 
literature results as well as those reported here are 
summarized in Table I. Two of our compounds 
(2,2'-bipyridine and 2,2'-biquinoline) could exist 
in cis  or trans form or in some intermediate non-

planar form involving twisting about the = C — C =  
bond. The other two (o-phenanthroline and pyra
zine) are planar and must remain so whether exist
ing as B, BH + or B Ii2++ forms.3 Nakamoto4 
has reported recently the ultraviolet spectra of 
2,2'-bipyridine and 2,2',2"-tripyridine in aqueous 
solutions of various pH ; for the former, bands at 
279 and 232 mp in basic solution and organic 
solvent are considered to indicate trans form, and 
bands at 301 and 240 mp in acidic solution similar 
to bands for N i(bipy)3Cl2 indicate cis  form (favored 
by electrostatic considerations). M. Kasha5 has 
suggested that H2S 04 could be used to tie up both 
non-bonding electrons in diazines. Hammett5 
has earlier used spectrophotometric methods for 
determining p K & values of very weak bases using 
H2S 0 4, and recent work by Brand7 and co-workers 
has yielded p K & values for aromatic nitro-com- 
pounds by this technique. We were interested in 
pX]3Hi++ values for the four — N = C — C = N —

(1) The experimental part of this work was performed in the Chemis
try Laboratories, American University of Beirut, Beirut, Lebanon.

(2) Department of Chemistry, Harvard University, Cambridge, 
Mass.

(3) Throughout this paper we use B to represent the free base, 
BH+ to represent the mono-cation, and BHt + + to represent the di
cation.

(4) K. Nakamoto, «7. Phys. Chem., 64, 1420 (1960).
(5) F. Halverson and R. C. Hirt, J. Chem. Phys., 19, 717 (1951).
(6) L. P. Hammett and A. J. Deyrup, J. Am. Chem. Soc., 54, 2721 

(1932).
(7) J. C. D. Brand, W. C. Horning and M. B. Thornley, J. Chem. 

Soc., 1374 (1952).

compounds reported here to obtain information on 
the configurations in solution and data of value 
in studies with metal chelates of these compounds 
in acidic solutions.

Experimental
Materials.—2,2'-Bipyridine was obtained from Eastman 

Organic Chemicals, Rochester, New York. Purified pyra
zine was kindly supplied by Dr. R. C. Ellingson, Mead 
Johnson and Company. o-Phenanthroline was Fisher Certi
fied Reagent, A.C.S. 2,2'-Biquinoline was from the British 
Drug House. Organic solvents were of spectroscopic grade, 
and all other reagents were Analytical Reagent grade.

Spectral Measurements.—All ultraviolet spectra were 
measured on a Beckman Model DU quartz instrument with 
H2 source and 1.00 cm. silica cells corrected for mis-match. 
Ambient temperature, 23 ±  2° prevailed. Merck con
centrated C.p. H2SO4 used titrated 16.75 M .  Except at 
high acidities an ionic strength of 0 . 0 2  was used with HC1, 
NaOAc-HOAc, NH4OAc and Na2HP04 buffers covering pH
1.31 to 9.05. All solutions yielded spectra stable with time 
over a several-weeks period.

Determination of p K  Values in H2S04.—We have plotted 
molar extinction coefficients of the maximum for each ab
sorption band vs. pH and read off the pH at the mid-point of 
the inflection where Cb/Cbh+ (or Cbh+/Cbh2++) is 
unity. The values for the aqueous solutions have been cor
rected by Debye-IIiickel theory. The pH scale used for 
II2S04 was obtained by graphical interpolation of the data 
of Paul8 using H 0 =  pH. Although this method is empirical 
it yields useful comparison values. This is the technique 
originally developed by Hammett6 ' 9 and co-workers.

Results
I. 2,2'-Bipyridine.— The ultraviolet spectra of 

2,2'-bipyridine are shown in Fig. 1. The bands at 
281 and 233 mp for B, and 301 and 241 for BH+, 
agree with literature values.4-10 In concentrated 
H2S 0 4 only one band at 289 mp is found (reported 
as 290 mp by Westheimer11), with the indication 
of another band with a maximum somewhat below

(8) M. A. Paul and F .  A. Long, Chem. Revs., 57, 15 (1957).
(9) L. P. Hammett and M. A. Paul, J. Am. Chem. Soc., 56, 827

(1934) ; L. A. Flexser, L. P. Hammett and A. Dingwall, ibid., 57, 2103
(1935) .

(10) P. Krumholz, i b i d . ,  73, 3487 (1951).
(11) F. H. Westheimer and O. T. Benfey, ibid., 78, 5309 (1956).



July, 1961 Ultraviolet Spectra of N itrogen R ing Compounds 1197
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Fig. 1.—2,2'-Bipyridine: . . . ., B fo r m ;---------, BH +
form; --------- , BH2 + + f o r m ;---------, 15% (wt.) H2SO,.

Fig. 2.—2,2'-Biquinoline: . . . ., B fo r m ;---------, BH +
form; ---------, BH2 + + form; — i —, cyclohexane.

220 mp. We attribute this to the BH 2++ form. 
Krumholz12 mentions a shift of the 2,2'-bipyridine 
spectrum to shorter wave lengths in 2.2 M  HC1 
(but gives no data) and assumes BH; ++ is formed 
(which agrees with our results reported here), 
and calculates K b h 2 + + =  1.4 ±  0.3 (p K  =  —0.15) 
(in 2.2 M  mixtures of HC1 +  LiCl) from spectral 
data, or K Bh.2*+ =  1.67 (p K  =  — 0.22) from Fe 
(II) complex-ion studies. We find p K Bs  + =
4.25 and p K Bn 2++ =  —0.2 (which compares with 
Westheimer’s1-value of —0.52).

II. 2,2'-Biquinoline.— The ultraviolet spectra of 
2,2'-biquinoline are shown in Figs. 2-4. In cyclo
hexane there is structure in the long wave length

(12) P. Kruinholz, J. Phye. Chew,., 60, 87 (1956).

X, mft..
Fig. 3.------------- , pH 1.32; . . . pH 2.17;---------- , pH

2.84; — • —, pH 3 .71 ;---------, pH 6.14; 2,2'-biquinoline,
3.07 X 10- 5  molar.

X, mp.
Fig. 4.—2,2'-Biquinoline; BH2++ BH+ +  H + :

---------, 94% (wt.) H2S04; . . . ., 80% H2S04; — ■ —,
52% H2S04; ------- , 31% H2S04; --------1.5% H2S04.

band (Xmax 334, 326 and 313 mp) and a short wave 
length maximum at 259 mp. This compound is 
not sufficiently soluble in water to make measure-
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-4 .0  — 0 0 pH

p H .
Fig. 5.—2,2'-Biquinoline: — • —, A 258-264 nip (lower 

pH scale); — ! — A 264-270 m p (upper pH scale); . . . ., 
A 357 m p  (lower pH scale).

A, m/x.
Fig. 6 .—o-Plienanthroline: — i — B form;---------- , BH +

form ;---------, BH2 ++form.

ments; hence a 40%  E tO H -60%  H20  (volume % ) 
solvent was used. In the H 2SO4 solutions, forma
tion of BH + and BH 2++ gave solubility without 
EtOH. In the EtOH solvent, pH 4.47-6.38 we 
find Xmax at 328 and 258 m/t which is characteristic 
of the free B form. Figure 3 shows the spectral 
shift in acid solutions pH 6.15 to 1.32 due to the 
equilibrium BII+ f i  B +  H+ with an isosbestic 
point at 340 n p  showing that only the B and BH + 
are involved. (Maxima at 357 and 264 m^ are 
characteristic of BH+. Plots of X» 7 vs. pH and 
A258-264 vs. pH show breaks with mid-points at pH
2.68 which is therefore p /vbh+ for 2,2'-biquinoline. 
In the H 2SO4 solutions the long wave length band

A, nip.
■ Fig. 7.—o-Phenanthroline, BH+ B +  H + : -------- ,
pH 14; —  • — , pH 8.90; — 1 —, pH 4.00; . . . ., pH 
1.66.

A, m/i.
Fig. 8 .—o-Phenanthrolme; BH.++ <=> BH+ +  H + :

. . . ., H2S04, pH 0.14;---------, 18% H2S04; ---------, 31%
H2SO4 ; — ' 6 8 % H2S04.

changes little from the BH+ value of 357 mg, 
but a small increase in intensity may be noted 
probably due to changed dielectric constant. 
Figure 4 shows the spectral shift in H 2SO4 solutions 
for the equilibrium BH2++ <=± B H + +  H+. The 
short wave length band shifts from Amax 264 to 
270 mpt with decreased intensity on converting 
from BH+ to BH 2++. A  plot of X264- 27o vs. our 
pH scale for H2S 0 4 yields a mid-point at pH —3.0 
which is therefore p K Bm ++ for 2,2'-biquinoline.

III. o-Phenanthroline.— The ultraviolet spec
tra of o-phenanthroline are shown in Figs. 6-8. 
The free base B is characterized by Amax at 265 
and 229 mg. The Amax values of the B form vary 
with solvent, and for cyclohexane, absolute EtOH, 
and pH 11-14 aqueous NaOH they are: 265 m p, 
2.70, 2.76 and 2.60; 229 mg, 5.07, 40.6 and 3.73 
(all X  104), A  small shoulder at 290 mp is seen in 
the high pH aqueous solutions. In Fig. 7 is shown 
the shift from B to BH+ form, characterized by 
disappearance of the 290 mp shoulder, shift of 
Amax 265 to 272 mg, and shift of Amax 229 to 220
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mp with a new band at 206 m p.13 In H2S 0 4 solu
tions (Fig. 8) the long wave length band shifts to 
279 mp while the short wave length band shifts to 
224 mu with a new band at 205 mp13 and two new 
weak bands at 307 and 318 mp. The plot of 
X265- 272-279 vs. pH shows anomalous behavior but 
the X229—22o—224 vs. pH plot (Fig. 9) yields p K b k * =
5.46 (literature 4.27 at 20° in 50%  EtOH ,14 4.77 
in H20  at 25° at zero ionic strength16) and both 
A vs. pH plots give p K b iu ++ =  —1.6.

IV. Pyrazine.— The ultraviolet spectra of pyra- 
zine are shown in Fig. 10. Pyrazine has a weak 
band at 320 mp (with structure) in cyclohexane, 
shifting to 300 mp in aqueous solution above 
pH 2 (the free B form). A  strong band at 260 mp 
in cyclohexane and in aqueous solutions above 
pH 2 is also characteristic of the free B form. The 
weak long wave length band disappears and the 
strong 260 mp band increases in intensity and shifts 
to 282 mp as the H2S 0 4 concentration is increased. 
A new band with a maximum below 220 mp is in 
evidence in the concentrated II2SO4 spectrum. 
These results are in agreement with published 
spectra of pyrazine.16 Figure 9 clearly shows two 
breaks in the plot of A2G0-284 vs. pH withjpABii+ =  
0.4 (literature 0.615) and pHnirv- =  —6.8.

Discussion
As pointed out by Nakamoto,4 the B H + form of 

2,2'-bipyridine has a spectrum similar to the 
metal chelate form and is therefore the cis form 
la. The BH 2++ form would be expected to have 
nearly planar trans form lb  due to electrostatic

H+ H +
la  lb

repulsion and slight twisting from repulsion due 
to two orthohydrogens. The ratio of K\m  /  
A bh2 + + is about 3.5 X  10~5 showing electrostatic 
repulsion from the twisted trans structure.12 The 
existence of one band only in the BH2++ form indi
cates large twist4 but we are somewhat doubtful 
of this point since the evidence given here indi
cates a second band just below 220 m î. Nakamoto4 
has explained the shift 301-290 on changing from 
B H + to BH2 + + forms as due mainly to conversion 
from cis form (la) to trans form (lb). For the 
2,2'-biquinoline we find K Bh */Kbh ,** is about
2.1 X  10~6. We expect the BH2++ form of the 
biquinoline to have a slightly twisted trans struc
ture similar to the bipyridine case and hence to 
have a similar K  ratio. If one compares the trans 
forms of 2,2'-bipyridine with 2,2'-biquinoline (using 
Fisher-Hirschfelder-Taylor models), there is found 
to be more steric repulsion in the 2,2'-biquinoline 
case; thus greater twisting is expected which will 
increase electrostatic repulsion. Our smaller K  
ratio confirms this expected effect.

(13) Instrument slit opening near maximum and some uncertainty 
about this band.

(14) A. Albert, R . Goldacre and J. Phillips, J. Chem. Soc., 2240 
(1948).

(15) T. S. Lee, I. M . Ivolthoff and D. L. Leussing, J. Am . Chem. Soc., 
70, 2348 (1948).

(16) F. Halverson and R. C. Hirt, Chem. P hys., 19, 711 (1951).
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- t  -2

- 5  - 3  -1  1 2 3 4 5 0 7 8  9 10 11 12 13

10.0

9.0 ,

8.0

7.0

6.0

pH.
Fig. 9.—o-Phenanthroline : — " —, 220-220-224 mp 

(upper pH scale); — •—, 265-272-279 mp (upper pH 
scale); Pyrazine. ---------, 260-284 mp (lower pH scale).

X, nifi.
Fig. 10.—Pyrazine: ., B form; ------ -, BH +

form; -------- , BH>+ 1 form; — •—, cyclohexane; — M—,
7 9 . 5 %  H s S O ,

X
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T able  I

D issociation  C onstants for — N = C — C = N —  B ases

B H + ^ ± :B  +  H+ pAbtV = log [BH+]/[B][H+]
BHj++ BH+ +  H+ p K * * ,-»  == log [BH2 + +]/[BH+][H+]

Compound p K b k  + p K  BH2 + +°
Pyridine 5.23 (20° ) 14

Quinoline 4.94 (20° ) 14

2,2'-Bipyridine 4.25 (4.34, 2 5 ° )b -0 .2  (-0 .5 2 »)
(-0 .1 5  or —0.2212)

o-Phenanthroline 5.46 (4.77, 25°)16 - 1 . 6

2,2'-Biquinoline 2.68 (40% EtOH) -3 .0
Pyrazine 0.4° (0.6 ) 16 - 6 . 8

Anabasine8 1 1 . 1 3.21
2,2',2"-Tripyridine'’ 4.33 2.64

Kbh+/A bh

3.5 X 10 “s 
8.7 X 10~ 8 

2.1 X 10
4.0 X 10-* 
1.3 X 10-*°
2.0 X 10~ 2

Experimental measurements this work 23 ± 2 ° .
0  These values are not true thermodynamic constants since no activity coefficients have been taken into account. 6 Ther

modynamic value, K a = 4.6 X 10-6. P. Krumholz, J . A m . Chem. Soc., 71, 3654 (1949). c If we correct ¡oAbh+ to water 
solvent, yielding 3.5, the IC ratio then becomes 3.2 x 10-7. d This is 2-(3'-pyridyl)-piperidine. Thermodynamic values. 
It. H. Linnell, J . A m . Chem. Soc., 76, 1391 (1954). * Thermodynamic values. R. Bruce Martin and Jo Ann Lissfelt, ibid.,
78, 938 (1956). We looked in the present work for p/vBn,+++ and found it more negative than 7. Using —7, we find K b r ++/ 
Abhi+++ = 4.7 X 10—12 and/Ibuz + + K”bh3+++ = 2.3 X 10~~10.

Both o-phenanthroline and pyrazine will have 
greater electrostatic repulsion forces influencing 
p A h h 2++ because of planar structures with shorter 
N---N distances. The fused ring system of 0- 
phenanthroline can accommodate more change, 
and the data show pyrazine having the predicted 
more pronounced electrostatic repulsion.

We have included data on anabasine whose K  
ratio is even smaller than that for pyrazine. 
Models indicate H-repulsion will allow only highly 
twisted forms of the BII2++ form; thus we expect 
strong electrostatic repulsion. The loss of one 
aromatic ring will mean less change accommodation 
so we explain the exceptionally low K  ratio as due 
to these two factors.

For 2 ,2 ',2"-tripyridine, Nakamoto4 has con
cluded that the BH2++ form is c is -c is  with protons 
on opposite nitrogens. The much greater N---N 
distance compared to the other compounds re
ported here gives a vastly reduced electrostatic 
repulsion and hence a much larger K  ratio. We 
have only estimated p K b h 3 + + but the result shows 
the expected large electrostatic effect.

We note an anomalous behavior in o-phenan
throline in the long wave length band (X 260-272 
niju) when emax values are plotted vs. pH (see Fig.
9) but only for the BH+ <=> B +  H+ equilibrium.

Tentatively we suggest that o-phenanthroline is 
hydrated in aqueous solution and that several 
equilibria exist

B +  H20 B(H20)
B(H20) +  H20 B(H20 ) 2

B(H20 ) 2 +  H+ BH(H20 )+ +  HsO
BH(H20 ) + B H 30 +

where emax values at 265-272 m^ vary according 
to 6bh<h2o) + <  «Bono), <  cbh3o +- It has been 
suggested recently17 that pyridazine forms a special 
H-bonded species in aqueous solution with one H20  
bonded to the two nitrogens. The monohydrate 
of o-phenanthroline is well known and it has a dis
sociation heat of 7.25 keal. per H -bond.18 Our 
p K bh+ value for o-phenanthroline is higher than 
literature values, and some unusual influence is 
suggested.

Acknowledgment.— The authors greatly appreci
ate financial support from Research Corporation. 
Thanks are due to Dr. R. Bruce Martin for guid
ance of this work while the senior author was on a 
leave of absence.

(17) R. H. Linnell, J. Chem. P h y s 34, 698 (1961).
(18) J. S. Fritz, R. W. Cable and G. F. Smith, J. Am. Chem. Soc., 

71, 2480 (1949).
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These measurements were made in sulfate solutions as a function of pH. The method of charging curves, utilizing square 
wave imput signals was used, and the metals were polarized over the range between oxygen and hydrogen evolution poten
tials. At potentials slightly less anodic than that for oxygen evolution the e.d.l. capacity for all three metals in neu/ral solu
tion was about the same, viz., 18 y i . /cm.2. For all three metals this is a minimum value which increased with increased 
acidity. The capacity-potential behavior of stainless steel was similar to that of platinum over the whole range. If there 
is no bulk oxide on the platinum under these conditions it can be postulated that the passivity of stainless steel is net caused 
by bulk oxide; certainly the behavior differs from that of aluminum and tantalum. There ;s a hump in the capacity value 
for both with increasing cathodic potential. _ With increasing pH the position of the maximum is more cathodic and the height 
is greater. With iron, it is not possible to distinguish between the metal dissolution region and the hydrogen evolution region 
by capacity values alone. However, there is a region where the iron potential changes suddenly from active to passive and 
this is paralleled by a capacity decrease. The non-oxide argument for stainless steel (above) is equally valid here. Even 
while recognizing the problems imposed by polycrystalline, solid metals in interpreting these measurements in terms of differ
ential capacity, it is suggested that comparison of the three metals in these terms is valid.

Two principal schools of thought on the cause of 
electrochemical passivity of metals suggest (i) 
formation of a stoichiometric three dimensional 
oxide film on the metal surface, or (li) some suitable 
sorbed oxygen-containing species. There is evi
dence for each of these views. A  postulate recon
ciling both views has been proposed.2

It suggests a sequence of events, the most im
portant of which is the rapid sorption of up to a 
monolayer of some oxygen-containing species. 
This accounts for the rapid potential changes and 
the periodic phenomena associated with the onset 
and loss of passivity of iron. Passivity, then, is 
caused by a thin, insoluble, disordered film of oxy
gen-containing ions and metal ions. It is sug
gested that the film is formed by migration of the 
metal ions into the array displayed by the sorbed 
species.

The controversy certainly has not been resolved. 
Measurement of the electrical double layer (e.d.l.) 
capacity, at the metal-solution interface before, 
during, and after electrochemical passivation ap
pears to us to be pertinent. The measured capacity 
of a metal electrode with a continuous oxide film 
should be lower in a given electrolyte than for the 
same metal without such a film. This is illustrated 
by the experimental results of Ershler, et a l.,3 for a 
nickel electrode in 1 N  NaOII before and after 
chemical oxidation, i.e ., 22 to 27 and 7 p i./ cm .,2 
respectively.

No fully satisfactory analog circuit is available 
for such an oxide-bearing electrode. However, 
lower capacity in the presence of an oxide film can 
be explained by assuming that its presence should 
lower the surface charge density, increase the thick
ness of the double layer, and thereby decrease the 
capacity. Alternatively, the oxide film may be 
considered as forming a capacitor in series with the 
e.d.l. capacity. Then since the capacity of the 
oxide film (lower dielectric constant) is small

(1) Presented at the symposium in commemoration of David C. 
Grahame, sponsored by the Divsions of Colloid Chemistry and Physical 
Chemistry, at the 138th meeting of the American Chemical Soc., New 
York, Sept. 13, 1960.

(2) N. Hackerman, Z. Elektrochem., 62, 632 (1958).
(3) A. Rakov, T. Borisova and B. Ershler, Zhur. Fiz. Khim., 22, 

1390 (1948).

compared to that of the e.d.l. the measured ca
pacity should be low.

Work is in progress in this Laboratory on the 
e.d.l. capacity of several solid metals. Some re
sults for iron and 18-8 stainless steel electrodes 
under passive and active conditions in solutions of 
various pH are reported here. The results are 
compared with published values for other metals.

Experimental
The method of charging curves based on the application of 

a square-wave signal was used for the double layer capacity 
measurements. 4 This method is suitable for solid metal 
electrodes having geometrical areas as large as 2  to 3  cm.2. 
The frequency of the square-wave signal in all the experi
ments reported here was 500 c.p.s. unless otherwise stated. 
The standard resistance through which the input square- 
wave signal passed before entering the cell was 15,000 ohms.

The Pyrex cell used in those experiments was similar to 
that already described.4“ A large area, platinized platinum, 
cylindrical wire gauze was used as a non-polarizable auxiliary 
electrode. All potential measurements were made against a 
saturated calomel electrode (SCE).

Triple-distilled conductivity water was used for preparing 
all solutions. Analytical reagent grade chemicals were fur
ther purified by recrystallization from conductivity water. 
In some cases, the solutions were first filtered through 
activated charcoal to remove traces of organic impurities. 
Contamination by grease or other organic materials was 
carefully avoided. Bureau of Mines Grade A helium, re
ported as 99.997% pure and containing less than 10”®% 0 2 

was bubbled through the experimental cell throughout the 
measurements. The helium was pre-saturated by passing it 
through conductivity water at the temperature of the experi
mental solution. The gas passed out through a similar trap 
to prevent back diffusion of air.

Reagent grade iron wire (0.009" dia.) supplied by Baker 
Chemical Co. (Phillipsburg, N.J.) and reported as better 
than 99.8% pure (0 .0 2 % C) was used. Stainless Bteel elec
trodes were made from AISl 302 wire (dia. 0.015") supplied 
by Alloy Metal Wire Division (Moore Station-Prospect 
Park, Pa.). Test pieces of 'he metal wire under investiga
tion were sealed in 6  mm. soft glass tubing. The length of 
the test electrodes was such that a projected area of 1 . 0  cm. 2 

was exposed to the electrolyte in each case. The glass tube 
holding the electrode was sealed to a ground glass holder 
which fitted the experimental cell. Electrical contact be
tween the test electrode and the rest of the circuit was made 
by a column of mercury.

Each electrode was polished with 4/0 emery paper, rinsed 
with acetone, washed througlily with distilled water, treated 
with 2 N  II2SO4 for about a minute (till Hj evolution was * 704

(4) (a) R. J. Brodd and N. Hackerman, J. Electrochem. Soc., 104,
704 (1957); (b) J. J. McMullen and N. Hackerman, ibid. 106, 341 
(1959).
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Fig. 1.—Differential capacity-potential curves for stainless steel. Anodic (oxidizing) potential to the left.

Potential (volts vs. SCE).
Fig. 2.—As for Fig. 1 with 0.1 N  H2SO4, and showing the absence of hysteresis.

visible in the case ot iron), and washed again with conduc- 
ivity water. Finally, the electrode was rinsed with the test 

: olution before introducing it into the cell containing the test 
electrolyte. Each electrode was used only once.

For the oxygen evolution and passivation of the stainless 
steel electrode, a polarizing potentiometer with an upper 
limit of 1.5 v. was sufficient. For iron, however, it was 
necessary to use a high voltage (or high current) d.c. source 
to cause oxygen evolution. The current required for the 
oxygen evolution was generally determined by measuring 
the potential drop across a standard resistor of 50 ohms in 
series with the polarizing circuit. Oxygen evolution on an 
iron electrode in a sulfate solution at a pH of about 3 re
quired no more than about 10 ma./cm.’ . Once started, it 
was still visible at 0.1 ma./cm.2. For neutral and alkaline 
solutions, the anodic current density required for oxygen 
evolution and passivation for iron electrodes was consider
ably less. In some cases the electrode was first cathodically 
polarized to hydrogen evolution, and the potential then was 
gradually changed to more anodic values.

All experiments wore carried out at room temperature. 
Before taking data at each potential of the test electrode, 
sufficient time was allowed for the capacity values to become 
constant. This normally required 1 0  minutes or less.

Experimental Results and Discussion 
Stainless Steel Electrodes.— Figure 1 represents 

the differential e.d.l. capacity of 18-8 stainless steel 
electrodes as a function of electrode potential in 
sulfate solutions. The data of each of the curves

of Fig. 1, except that for 0.1 N  H2S 0 4, is an average 
of three independent experiments made with fresh 
solutions and new electrodes in each case. The 
agreement between individual runs for each pH 
was better than 5% .

The data for 0.1 N  H2SO4 is an average of two runs 
made with the same electrode and the same solu
tion in the following way. Initially, this electrode 
was made sufficiently cathodic for hydrogen to 
evolve. The potential was then gradually changed 
to more anodic values until the 0 2 evolution po
tential was reached. In the other run, the direc
tion of the applied potential was reversed so that 
the electrode potential gradually changed from 
that for O2 evolution to that for 1 b evolution. The 
agreement between the two runs was very good, 
as shown by the data of Fig. 2.

The curves for 1.8 N  H2SO.( and 0.1 Ar II2S 0 4 arc 
similar in shape to one reported by Kolotyrkin for
1.0 N  H2SO46 and are in fair agreement quantita
tively.

The steep branch at the extreme left for each 
curve of Fig. 1 comes at potentials probably suf-

(5) Y. M. Kolotyrkin, Z. Eleklrochem., 62, 664 (1958).
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ficient for oxygen evolution with little or no over
voltage. The more or less shallow minimum in 
each curve at potentials slightly less anodic than 
this represents the passive region. The value of the 
minimum capacity in this region is about 30 pi./  
cm .2 for 0.1 and 1.8 N  H2S 04, about 20 p i./cm .2 
for 1 N  NaOH and 12 to 13 pi./cm .2 for 0.1 N  Na2- 
S 0 4. Bockris and Potter6 observed a similar effect 
of pH on Ni electrodes. They reported 28 g f./cm .2 
for 0.01 N  HC1, 37 Mf-/cm .2 for 0.1 N  HC1, 41 pi./  
cm .2 for 1.0 N  HC1, 22 p i./ cm .2 for 0.006 N  NaOH, 
and 27 p i./ cm .2 for 0.12 N  NaOH. A  similar 
effect of pH on capacity was seen with platinum 7 
Figure 1 showrs that stainless steel passivity can be 
maintained at more and more cathodic potentials 
as the pH of the solution is increased.

Comparison of Stainless Steel and Platinum 
Electrodes.— The capacity-potential curves (C vs. 
E ) of Fig. 1 are qualitatively similar to those for 
platinum.8 The presence of the peaks in the curves 
for both metals, and the not greatly different mini
mum capacity values in the anodic region (left 
of peak), is notable. Also, the C  vs. E  behavior of 
stainless steel in the anodic region was similar to 
that for platinum. In neither case was there a 
discontinuity in the curve on changing the potential 
gradually from oxygen to hydrogen evolution. 
Moreover, within experimental error, no hysteresis 
was observed in either case in going from anodic to 
cathodic potentials and reverse, within the poten
tial range used.

The general similarity of the C vs. E  curves for 
platinum and mercury in the corresponding po
tential range, i.e ., no electrochemical reaction tak
ing place, has been established.8 The e.d.l. 
capacity for clean dropping mercury in neutral 
fluoride solution9 is about 20 g f./cm .2 on the anodic 
side of the potential of zero charge (ZPC) for mer
cury. This is close to the values reported here for 
stainless steel and for platinum8 under similar 
conditions. A  rough estimate of the thickness of 
the compact double layer at anodically polarized 
mercury can be obtained if it is assumed that the 
double layer structure is analogous to a parallel 
plate capacitor with the distance between the two 
plates replaced by the thickness of the double layer. 
Then the capacity per unit area of the electrode, 
C  =  t ! in d ,  where d is the thickness of the double 
layer and e is the dielectric constant of the medium 
within it. However, a difficulty arises in selecting 
the latter value. Presumably it lies between unity 
(corresponding to a vacuum) and e for the bulk 
solvent (about 80 for water at room temperature). 
Assuming a value 10, the thickness of the compact 
layer having a capacity of 20 p i./ cm .2 is 4.5 A. 
Using the same value of e with platinum and stain
less steel, the thickness of the compact double 
layer at the minimum capacity on the anodic side 
is of the order of 5 A. Because of the uncertainty 
in e it is perhaps more meaningful to think in 
terms of e/d rather than of d alone.

(6) J. O’M. Bockris and E. C. Potter, J. Chem. Phys., 20, 614
(1952).

(7) P. V. Popat and N. Hackerman, unpublished results.
(8) P. V. Popat and N. Hackerman, J. Phys. Chem., 62, 1198 

(1958).
(9) S. Mine and J. Jastrzebska, J. Electrochem. Soc., 107, 135 

(I960).

A clean dropping mercury electrode near the 
ZPC is not likely to have an oxide film on it. How
ever, there is still some question whether oxygen 
evolution on platinum occurs on bulk oxide or on 
some oxygen-containing chemisorbed species. Un
fortunately, most published results can be explained 
on either basis. Giner’s wrork10 on the behavior 
of platinum electrodes in 1 N  H 2SO4 indicates that 
the behavior is determined by chemisorbed oxygen 
and not by specific oxides. Laitinen and Enke11 
working on the anodic behavior of platinum in 
perchloric acid solution, reported that there is a 
film about one atomic layer thick (one oxygen atom 
per surface platinum atom), as determined by the 
chronopotentiometric method. The minimum ca
pacity before oxygen evolution was about 20 pi./  
cm . ,2 but the capacity increased to 60 p i./c m .2 
on further anodization. They observed that, al
though the formation of the oxide is energetically 
favorable at potentials lower than that required for 
oxygen evolution, the oxide formation reaction 
is immeasurably slow at these potentials. They 
postulated the formation of a polar “ oxygen evolu
tion intermediate which is absorbed on the electrode 
surface”  as the first step in the oxygen evolution 
reaction.

Kolotyrkin5 considers the absence of oxide on 
platinum electrodes in the potential region ordi
narily encountered, (including oxygen evolution), 
as a well-established fact. Trapnell12 indicated 
that oxygen chemisorption takes place with the 
formation of oxide ions at the surface following 
electron donation from the s and p bands of the 
metals.

Capacity-potential data for platinum generally 
support the proposition that bulk oxide is not in
volved in the processes occurring prior to and dur
ing oxygen evolution.

The minimum capacity on the anodic side before 
oxygen evolution on platinum in Na2S 0 4 solution is 
the same as for Cl2 (or Br2) evolution on platinum 
from C l-  or Br~ .8 Thus, there does not appear to 
be any fundamental difference in the nature of 
the metallic surface of the electrodes in the two 
cases. It is unlikely that Cl2 evolution takes place 
on a chloride covered surface, because of solu
bility.

The close similarity of the C  vs. E  behavior for 
stainless steel and platinum on the anodic side sug
gests that bulk oxide is not involved during electro
chemical passivation and oxygen evolution on 
stainless steel. This view is further supported by 
the absence of hysteresis with stainless steel (Fig.
2). It is unlikely that hydrogen evolves on oxide 
covered stainless steel. Note that C vs. E  for 
platinum and for stainless steel were essentially 
independent of the frequency of the square-wave 
signal, within experimental error. Enke13 re
ported similar behavior for platinum in HC104 
solution.

The behavior just discussed should be contrasted
(10) J. Giner, Z. Elektrochem., 63, 386 (1959).
(11) H. A. Laitinen and C. G. Enke, J. Electrochem. Soc., 107, 773 

(1960).
(12) B. M. W. Trapnell, Proc. Roy. Soc. (Lotidon), 218A, 566 

(1953).
(13) E. G. Enke, Dissertation Abslr., 20, 3088 (1960).
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with that of metals like aluminum and tantalum 
which have appreciable bulk oxides on them. 
For instance, capacity values of about 8 /¿f./em.2 
for aluminum and about 3 /if./cm .2 for tantalum 
in 1.0 N  Na-SCh have been reported.41* The ef
fective double layer thickness, using the same as
sumptions used above, are 20 and 8 A., respectively.

Determination of the effective film thickness on 
an electroehemically passivated surface does not 
appear to be a decisive method of differentiating 
between a chemisorbed film and a three-dimensional 
oxide film. The effective film thickness on metals 
such as Hg, Pt or stainless steel (about 5 A.) is not 
significantly different from that of oxide bearing 
metals like A1 or Ta. Also, it must be recalled 
that a wide range of values can be obtained de
pending on ‘ he value of the dielectric constant 
used. It is therefore necessary to weigh carefully 
the supporting evidence before firm conclusions can 
be made concerning the nature of the films. Thus 
it is more significant that the stainless steel elec
trode does not show hysteresis, whereas aluminum 
and tantalum do.4b Also, the capacity values for 
the latter two are essentially independent of the 
potential over a wide range but not for platinum 
and stainless steel, an impressive fact.

On the basis of these observations, it may be con
cluded that there is a fundamental difference in the 
mechanism of electrochemical passivation of plati
num and stainless steel electrodes on the one hand 
and in the anodic oxidation of aluminum and tanta
lum electrodes on the other.

The significance of the peak in the capacity 
potential curves for the stainless steel electrode and 
the effect of the solution pH on the position and the 
magnitude of the peaks is less clear. Based on 
an interpretation advanced earlier for similar peaks 
for platinum in the presence of various anions, it is 
suggested that adsorption-desorption processes

involving O H -  and/or H + are responsible. At 
the minimum on the anodic side of the peak, anions 
populate the compact double layer, at the mini
mum on the cathodic side, cations do so. In 
going from anodic to cathodic side anions are de
sorbed. During this process the ratio dq/dE  
changes rapidly giving rise to the peaks. The ratio 
e/d changes also, and the peaks can be interpreted 
in terms of these changes as well.

There is some difference in the C vs. E  behavior 
of platinum and stainless steel on the cathodic side 
of the peak. Whereas the e.d.l. capacity for plati
num rises at high cathodic potentials, due to hydro
gen evolution, it does not with stainless steel within 
the potential range investigated. This indicates 
higher hydrogen overvoltage, but the region was not 
investigated to any great extent during this study.

Iron Electrodes.— Figures 3 and 4 give the C  vs. 
E  curves for iron during electrochemical passivation 
and activation in 1 N  NajSCh of different pH values. 
The data of the curves of Fig. 3 are averages of 
three, separate runs reproducible to within 5%. 
Figure 4 represents the behavior in an unbuffered 
acidic solution at about pH 3. This behavior was 
reproduced in several runs.

With iron in neutral solution (Fig. 3), at po
tentials slightly more anodic than 0.76 v., the ca
pacity value was about 50 /tf ./cm .2. The potential—• 
time trace (not shown) exhibited curvature, sug
gesting some charge transfer. At about 0.76 v., 
however, the trace abruptly became linear and the 
capacity dropped from 50 to 18 /if ./cm .2. This 
phenomenon was quite reversible and reproducible 
within the narrow potential range in which it oc
curred. Thus, at a slightly more anodic potential 
C  rose to 50 /if./cm .2, with some curvature in the 
time-potential trace. A t slightly more cathodic 
potentials, the trace was linear, giving 18 fif./cm .! 
irrespective of the direction of the potential change
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Fig. 4.—As for Fig. 3, except in 0.1 N  NajSCh at pH ~3.

The potential value around which this happened 
depended on the pH of the solution. There was no 
induction period involved in this transition.

Between about 0.76 and 0.2 v. at pH 7, the elec
trode potential responded normally to changes in 
polarizing potentials. In this range the electrode 
is believed to be still passive. When the electrode 
potential was set slightly more cathodic than 0.2 
v., it rapidly and irreversibly changed to —0.45 v. 
The capacity rose at the same time from about 20 
to about 90 p f./cm .2. This behavior was typical 
in neutral sulfate solution. No such abrupt changes 
were noticed for the alkaline system. In the pres
ence of F~ or C104~, it was not possible to measure 
any difference in capacity as a function of applied 
potential. At all polarizing potentials it was 
immeasurably large, indicating an electrode re
action was taking place. Considerable iron was 
found in the solution in these cases.

It was not possible to maintain passivity with 
the polarizing potentiometer. After passivating 
iron in pH 3 solution at about 10 m a./cm .2, the 
electrode potential suddenly went from 0.74 
to —0.47 v., and the capacity rose from 20 to above 
90 juf./cm.2, indicating decay of the passive layer. 
If the electrode potential was initially made highly 
cathodic, and then changed to more anodic values, 
the capacities always remained above 90 /ff-/cm .2. 
It was not possible, therefore, to distinguish be

tween the hydrogen evolution stage and the metal 
dissolution stage by the present method. Nor was 
it possible to passivate the iron on approaching it 
from the cathodic side, contrary to the case for 
stainless steel. Evidently the processes involved 
in the passivation and activation of iron are some
what different from those for stainless steel. 
It will be necessary to study the behavior in greater 
detail using a potentiostat before definite conclu
sions can be made concerning the nature cf this 
passive film.

The only notable similarity between iron and 
stainless steel or platinum is the value of the mini
mum capacity in the pass.ve region. For iron this 
is about 18 ¿if./cm.2 in neutral and 20 ¿if ./cm .2 
in acid and alkaline solution, much like those for 
platinum and stainless steel. The contrast with 
aluminum and tantalum electrode is also apparent. 
On the basis of the C vs. E  behavior the metals 
studied so far can be put into the not unusual 
classifications: (a) noble metals like Pt and some 
alloys like stainless steel; (b) oxide-forming 
metals like A1 and T a ; and (c) active metals like 
iron and copper.
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T H E  R A D I O L Y S I S  O F  n -P R O P Y L  B R O M I D E 12
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The radiolysis of degassed liquid re-propyl bromide by Co60 y-rays produces no elemental bromine, but yields HBr with 
initial ¿-values of 0.Ü6, 0.12, 2.9 and 10.5 at —78, 0, 25 and 50°, respectively. At 25 and 50° (?(HBr) decreases to zero with 
increased time of irradiation, the steady-state concentration at 50° being three times as great as at 25°. A brownish non
volatile “ telomer” is formed with an estimated G, for C3 Hr, groups incorporated, of 0.09, 0.6 and 4.3 at 0, 25 and 50°, respec
tively. Added Br2 increases (7(HBr), decreases G(C3H8) and eliminates telomer formation. Added C3H6 increases telomer 
production. In the presence of 1 mole % or greater of added HBr or with an 0 2 concentration of 0.06 mole % or higher, 
elemental bromine is produced. These and related data on hydrogen, hydrocarbon and organic bromide production reveal 
the existence of a number of competing elementary reactions some of which are temperature dependent.

Introduction
The radiation chemistry of the alkyl iodides3 

has been investigated extensively but only a few 
exploratory experiments have been reported on the 
radiolysis of alkyl bromides.4 Reasons for ex
pecting differences between the two systems include 
the following: (1) the carbon-iodine bond is
weaker than the carbon-bromine bond; (2) in 
an alkyl halide molecule the electron fraction of 
the halogen a-om is greater with iodine than it is 
with bromine; (3) the activation energy for the 
abstraction of hydrogen from C -H  bonds by iodine 
atoms is too high for the reaction to occur as a 
thermal reaction at room temperature whereas 
bromine atoms can cause such an abstraction; (4) 
the absolute and relative activation energies for 
reaction of free radicals with H X  and X 2 would be 
expected to be different when X  is iodine than when 
it is bromine.

In the present work the radiolysis of n-propyl 
bromide has been studied and much briefer investi
gations have been made of the radiolysis of iso
propyl bromide and n-propyl chloride. The 17- 
values for the production of hydrogen bromide, 
hydrocarbons, and alkyl bromides have been deter
mined as a function of radiation dose, temperature 
and the concentrations of additives and have been 
considered in seeking evidence on the elementary 
steps.

Experimental
7 -Irradiations.—Samples for irradiation were contained 

in annular glass vessels which fit closely around a 400 curie 
cobalt-60 source of the design described earlier, 5 or in 6  mm.
o.d. tubes which could be reproducibly positioned next to the 
source. The volume of liquid in the annular vessels was 5 
ml. and that in the tubes (which were used for gas chro
matographic analysis) was 0.3 ml.

The dose rate for both the samples in the tubes and 
those in the annular vessels during the period of this work 
was approximately 1 X 1020 e.v./g.-hr. (2 X 106 r./hr.). 
The exact values were determined by ferrous sulfate dosim
etry using 15.6 as the number of ferric ions formed per 100

(1) Presented before the International Congress of Radiation Re
search, Burlington, Vermont, August, 1958.

(2) Additional details of this work are given in the Ph.D. thesis of 
Richard J. Neddenriep, University of Wisconsin, 1957, available 
from University Microfilms, Ann Arbor, Michigan.

(3) See for examples and references; (a) E. O. Hornig and J. E. 
Willard, J. Am. Chem. Soc., 79, 2429 (1957); (b) R. .1. Hanrahan and 
J. E. Willard, ibid., 79, 2434 (1957); (c) R. F. Pottie, W. IT. Hamid 
and R. R. Williams, ibid., 80, 4224 (1958).

(4) (a) R. H. Schuler and W. H. Hamill, ibid., 74, 0171 (1952); 
(b) J. C. Chien anc J. E. Willard, ib id ., 77, 3441 (1955); (c) W. S. 
Wilcox, Radiation Research, 10, 112 (1959).

(5) R. F. Firestcne and J. E. Willard, Rev. Sci. Inslr. 24, 904
(1953).

e.v. absorbed and 2240 as the molar absorbancy index of 
Fe+++ at 3050 A. and 27°. From the ferrous sulfate deter
minations the dose rates in the propyl halides were calculated 
by applying corrections for electron density and for the small 
contribution of absorption by the photoelectric effect in 
propyl bromide. 2

Irradiation temperatures of 0 and —78° were maintained 
by ice-water and acetone-Dry Ice mixtures contained in a 
two liter Dewar into which the Co60 source was lowered. 
Irradiations at 50° were carried out in a thermostatically 
controlled mineral oil-bath; the “ 25°”  irradiations were 
conducted in air at room temperature.

Sample Preparation.—Eastman propyl bromide was stirred 
for 48 hours with three successive portions of concen
trated sulfuric acid, washed with 1 M  sodium bicarbonate 
and with water, and dried over anhydrous magnesium sul
fate, and fractionally distilled. Gas chromatographic 
analysis of purified samples showed 0.08% ¿-C3H7Br to be 
the only impurity.

The annular vessels were filled under vacuum with each 
sample undergoing 5 degassing cycles of freezing, evacuation 
and thawing before being sealed. When bromine, HBr, 
oxygen or propene was added to a sample, the additive was 
metered on the vacuum line by P V T  measurements. Ex
periments done in the course of this work showed that at 25° 
or below, 2 over 95% of the HBr metered into the irradiation 
vessels was dissolved in the re-C3H7Br. In those experi
ments where oxj-gen was added the concentration of dis
solved oxygen was estimated on the assumption that its 
solubility in ra-C.3H7Br is the same as its solubility in C2H5I, 
i .e . , 0.8 X 10~ 9 mole per ml. per mm. pressure. 31

Analysis for HBr.—Irradiation vessels from which HBr 
was to be measured were constructed with a break-off tip. 
After irradiation the tip was broken under a measured volume 
of water doubly distilled from alkaline permanganate and 
the HBr was extracted from the organic layer. Vigorous 
agitation of the two layers was required for complete extrac
tion. An aliquot of this acidic solution was then mixed 
with an equal volume of 2 N  KI to which some solid KIOj 
had been added. The triiodide produced by the reactions 
6 H+ +  5I~ +  I03-  -*■ 3H20 +  3I2 and I -  +  I2 yA I3-  was 
determined by measuring the triiodide absorbance at 3500 
A. with a Beckman DU spectrophotometer. A value of 
2.77 X 10* determined with standard HC1 solutions, was 
used as the triiodide molar absorbancy index in 1 N  KI at 
this wave length. When bromine was present after irradia
tion, successive extractions with CCh were used to re
move the Br2 from the aqueous layer before the KI-KIO3 was 
added.

Analyses for Br2.—A square Pyrex cell attached by 6  mm. 
tubing to the annular irradiation vessel permitted spectro- 
metric analyses to be performed without breaking open the 
vessel.' Bromine analyses were conducted at 4060 A. on a 
Beckman DU Spectrophotometer. Absorbances as high 
as 5 . 0  could be determined with the aid of a photomultiplier 
attachment, a filter to cut out scattered light, and a reference 
cell of known bromine concentration. The molar absorb
ancy index of bromine in re;C3H7Br was determined to be 
207 1. mole- 1  cm. - 1  at 4060 A.

Analysis for H2 and CH,.—Samples which were to be used 
for methane and hydrogen measurements were contained in 
irradiation vessels fitted with break-seals which could be 
attached to a modified Saunders-Taylor apparatus6 follow-

(6) K . W . Saunders and H . A , Taylo r, J .  C h e m . P h y s . ,  9, 616 (1941).
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mg irradiation. With the aid of this apparatus P V T  meas
urements were made on the non-condensable gases and they 
were then pumped into a mass spectrometer sample bulb. 
We are indebted to Prof. Irving Shain and Mr. Kenneth 
Martin for assistance with the mass spectrometeric analyses, 
which were made on a Consolidated Model 21-620 mass 
spectrometer.

Analysis for Propane.—A 12 foot long 6  mm. i.d. spiral 
glass column packed with 30-60 mesh alumina was used 
for the gas chromatographic determination of propane. 
The chromatography equipment was calibrated with known 
amounts of propane. Effective separation of a synthetic 
propane-propene mixture was achieved when the column 
was held at 115°, but no propone (less than 25% of the 
propane) was found when irradiated samples of »-CjIKBr 
were tested. Traces of propene, ethene and ethane (1.4, 
0.08 and 0.15%. of the propane) were detected when a 
column of silicone oil firebrick at 25° was used in tandem 
with a firebrick column coated with propylene glycol 
saturated with AgNCV It is possible that propene was con
verted to propyl bromide by reaction with HBr on the alu
mina column. A short pre-column of powdered KOH used 
in conjunction with the alumina column did not remove the 
HBr completely but did spread out the HBr peak so that it 
blended into the background and did not interfere with the 
propane peak.

The small glass sample tubes were broken in the gas 
stream at the entrance to the column and little tailing was 
experienced when the helium carrier gas was passed through 
a preheater. A commercial Clow-Mac thermal conductivity 
unit served as the detecting device, the output being fed to a 
Speedomax type G recorder with a full scale sensitivity 
variable from 1 - 2 0  mv.

Analysis for Organic Bromides.—Radioactive organic 
bromides produced by irradiating »-CjHjBr in the presence 
of radiobromine were separated with a 1 2  foot spiral column of 
40-60 mesh firebrick coated with GE-S F-96 (40) silicone oil. 
Elemental bromine and HBr were removed from the ir
radiated bromides by extraction with sulfite solution, 
following which the organic layer was injected onto the sepa
ration column through a rubber serum bottle cap.

The column temperature could be raised from 50 to 200° 
w'hile the sample was passing through. The most satis
factory results were obtained with a temperature rise of 5° 
per minute and a carrier gas flow rate of 40 ml./min., using a 
0.1 ml. sample. The outlet tube of the column had in it a 
U-type trap which fit into the wrell of a Nal(Tl) scintilla
tion crystal. The outputs of the scintillation detector 
and of a thermocouple recording the column temperature 
were fed to a two pen Brown chart recorder. The yield of 
each bromide was obtained from the product: (g. atoms 
of Br2 added initially) X (fraction of activity in organic 
phase after irradiation) X (fraction of organic activity repre
sented by the chart recorded peak for the particular com
pound). To identify the recorded radioactivity peaks small 
amounts of known bromides were added to the irradiated 
samples in some runs and the effluent gas from the column 
was subjected to thermal conductivity detection as well as 
radioactivity detection. When a thermal conductivity peak 
superimposed on a radioactivity- peak the latter was con
sidered to be identified.

The organic bromides formed in experiments without 
added radiobromine were determined in much the same way 
as the radioactive bromides except that the column was held 
at constant temperature. Two analyses, one at 95° and 
one at 150° were made on each irradiated solution in order to 
obtain good resolution of all the products. The sensitivity 
of the detector cell to the bromides was calibrated by run
ning 1 % solutions of various bromides in n-C3H7Br through 
the apparatus.

Results
Hydrogen Bromide Production.— The radiolysis 

of the propyl bromides without additives at room 
temperature differs from that of the alkyl iodides3 
in that no free halogen is produced, and in that the 
net rate of production of hydrogen halide decreases 
to zero with increasing dose, rather than remaining 
constant. The production of HBr as a function of 
radiation dose is shown in Fig. 1 for ».-propyl 
bromide at 50, 25, 0 and —78°. The initial values
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Fig. 1.—Production of HBr as a function of radiation 
dose and temperature during the radiolysis of initially pure 
M-CaH7Br.

of G(HBr) estimated from the initial slopes of the 
curves of Fig. 1 are 11.5, 2.9, 0.12 and 0.06, respec
tively. The plateaus of the curves for 25 and 50° in
dicate that at these temperatures there is a reaction 
which consumes HBr more and more rapidly as the 
concentration increases, until the rate of consump
tion is equal to the rate of production. The effect 
of temperature indicates that, one or more of the 
elementary steps involved in producing this effect 
has an appreciable activation energy. The data 
for the initial slopes are not sufficiently accurate to 
allow an exact evaluation of the over-all activation 
energy but it appears to be between 15 and 22 kcal./ 
mole.

Under the conditions of these experiments, 
where the ratio of liquid volume to gas volume in the 
irradiation cell was about one, more than 95% 
of the HBr was in solution at 25° and below, and it 
was estimated that 85% was in solution at 50°.

To explore the competitive reactions indicated 
by Fig. 1, the production of HBr was measured in 
runs with added Br2, HBr and 0 2. Added Br2 
greatly increases the initial G(HBr) (from 2.9 to 
about 12 at 25° and from 0.06 to 1.5 at —78°) and 
also increases the HBr concentration at which the 
incremental values of G(HBr) approach zero. 
Although there is too much scatter in the data of 
Fig. 2 to allow a conclusive comparison, it appears 
that the initial values of <7(HBr) with 1 and 5 mole 
%  added Br2, are the same. If this is the case it 
establishes the fact, that the increase in G(HBr) 
caused by the added Br2 is not caused solely by the 
fact, that a greater fraction of the radiation energy 
dissipated in the system is absorbed by Br2 rather 
than by C3H7Br. This conclusion is further sup
ported by the fact, that if all of the energy absorbed 
directly by the Br2 in the 1% solutions were utilized 
to cause the formation of Br atoms by Br2 —*■ 2Br, 
at the rate of 1 bond rupture per 2 e.v. absorbed, 
and if each atom abstracted a hydrogen atom 
from C3H7Br to form HBr, the contribution to G- 
(HBr) by this sequence would be only 1.2. It ap
pears probable that the increase of G(HBr) with 
added bromine results from competition of reac
tions of the type R  +  Br2 —► RBr +  Br, (1/, with 
reactions of the type R  +  HBr ->  R H  +  Br, (II). 
The concentration of Br2 is sufficiently high so that.
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Fig. 2.—Production of HBr as a function of radiation 
dose and temperature during the radiolysis of ra-CsIRBr con
taining added Br2.

Fig. 3.—Br2 concentration as a function of radiation dose 
during radiolysis of n-C3H7Br containing added 02, HBr or 
Br2.

the competition may be, in part, with intraspur 
reactions.

Production cf Br2 in Presence of Added HBr or
0 2.— Although no bromine is produced by the 
radiolysis of n-propyl bromide without additives, 
bromine is formed when concentrated solutions of 
HBr in n-propyl bromide or more dilute solutions of 
oxygen in n-propyl bromide are irradiated. The 
steady-state concentrations of HBr indicated by 
the plateaus at 25 and 50° in Fig. 1 fall at about 
0.05 and 0.13 mole %  of dissolved HBr, respec
tively. No observable bromine was formed either 
under such conditions, or by the radiolysis of a 0.5 
mole %  solution of HBr in n-propyl bromide at 
25°. However when solutions of 1, 1.5 or 5 mole %  
HBr were irradiated, an initial (7-value for bromine 
production of about 7 was obtained in each case as 
indicated by the curves of Fig. 3. As with the ef
fect of added bromine, the effects of added HBr 
cannot be explained on the basis of increased pri
mary energy absorption by the HBr itself.

Since oxygen is known to act as a scavenger for 
free radicals and might thereby prevent their reac
tion with other species in the propyl bromide 
system, two irradiations were made in the pres
ence of oxygen. It was found that 0.006 mole %

dissolved oxygen did not lead to the production of 
bromine but that, as shown in Fig. 3, 0.06% dis
solved oxygen did. This effect of oxygen may 
possibly be to prevent radicals from reacting with 
very small amounts of Br2 in the system to reform 
organic bromides, or it may be that peroxy radicals 
formed liberate bromine by reaction with HBr. It 
is notable that the concentration of oxygen re
quired to result in bromine production is at least 
tenfold lower than the lowest HBr concentration 
that yields bromine. The vertical dotted lines in 
Fig. 3 shows a decrease in bromine concentration 
when the sample was allowed to stand overnight 
without irradiation, following a period of irradia
tion. This effect occurred only in solutions which 
contained oxygen.

Figure 3 shows that at concentrations of HBr 
or 0 2 sufficiently high to lead to bromine produc
tion G(Br2) decreases with increasing radiation 
dosage, and in some cases becomes negative, so that 
the bromine concentration goes through a maxi
mum. This presumably results from the ability 
of the Br2 to compete with the HBr or 0 2 for some 
reaction intermediate, and from the fact that when 
the HBr or 0 2 reacts it is permanently consumed. 
At the peak of the 1 mole %  HBr curve of Fig. 3 
the ratio of HBr to Br2 is about 13, while at the 
peak of the oxygen curves the 0 2 to Br2 ratio is only 
about 1 suggesting that oxygen is a more effective 
radical scavenger than HBr.

Consumption of Added Br2.— From the fact that 
bromine produced by irradiation of n-C3H7Br in 
the presence of added HBr or 0 2 is consumed on 
prolonged irradiation (Fig. 3), it would be expected 
that initially added Br2 would also be consumed. 
This was confirmed in three experiments, starting 
with 0.19, 0.13 and 0.08 mole %  Br2 in which the 
Br2 concentration was followed as a function of 
radiation dose. In the third of these experiments 
(for which the data are plotted in Fig. 3) HBr was 
initially present at a concentration of 0.18 mole % . 
In each case the G for disappearance of Br2 was 
constant with increasing dosage down to a Br2 
concentration of 0.03 mole %  or below. The 
presence of the added HBr did not alter the reac
tion. The average (?( — Br2) for the three experi
ments was 3.5.

Telomer Formation.— Radiolysis of pure de
gassed n-C3II7Br produced a brown material 
which could not be extracted with aqueous sulfite 
solution and which remained as a non-volatile 
brown film when the propyl bromide was removed 
by evaporation under vacuum. The spectrum of 
this material in solution showed a smooth continu
ous increase in absorbance from 5500 to 2200 Â. 
Concentrations of Br2 as small as 0.05 mole %  
completely prevented its formation, as did 0.06 
mole %  of dissolved oxygen. Apparently HBr 
is not as effective in this respect since the “ telomer”  
formation was observed in the presence of 0.05 
mole %  IiBr, the plateau concentration of HBr 
attained (Fig. 1) when n-C3H 7Br is irradiated for 
prolonged periods at 25°. Formation of the brown 
compound was, however, prevented by 0.5 mole %  
HBr.

Figure 4 shows the telomer absorbance at 3750 Â.
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as a function of radiation dose received by de
gassed n-C3H7Br at three temperatures. There 
appears to be an induction period at 0 and at 25, 
but not at 50°. A plot of the log of the (7-values 
(arbitrarily calculated as C3H6 groups incorporated 
in telomer per 100 e.v. absorbed, assuming it is 
composed only of C3H6 groups) vs. l/T  gives three 
points on a straight line with a slope which corre
sponds to an activation energy of 14 kcal./mole. 
For this purpose the (7-values after the induction 
period were used for 0 and 25° while the initial 17- 
value was used for 50°.

The non-volatile nature of the brown compound 
requires that it have a high molecular weight com
pared to the other products observed in this work. 
Since propene is a plausible product of w-C3H7Br 
radiolysis and might be expected to react with 
free radicals in chain lengthening steps, a 5 mole 
%  solution of propene in n-C3H7Br was irradiated. 
After a short induction period this resulted in a 
constant G of 4 for production of the brown mate
rial, a value 6.5 times greater than that with no 
added propene. This result is consistent with the 
conclusion that propene formed in the radiolysis 
is an intermediate in the formation of the brown 
compound. The induction period in this experi
ment with added propene indicates that necessity 
for buildup of propene concentration cannot be the 
sole reason for the apparent induction period of the 
25° curve in Fig. 4. The 5 mole %  concentration 
of C3H6 completely prevented HBr production. 
In corollary experiments in which both HBr and 
C3H6 were dissolved in C3H7Br, the concentration of 
HBr decreased in irradiated samples but not in 
unirradiated samples kept in the dark.

In most of the radiolysis experiments at 25° 
and below the amounts of the brown product formed 
were too small for satisfactory weighing. An 8 
hour irradiation at 50° produced 5.9 mg. however, 
and 42.7 mg. was obtained from a 10-hour ir
radiation at 25° of 5 ml. of a 5 mole %  solution of 
propene in n-C3H7Br. These gave values of 1.5 
and 2.1 mg. per ml. per absorbancy unit at 3750 A., 
respectively. Possibly the telomer formed with 
added propene may have more colorless units in 
it than the other, accounting for the higher weight 
per absorbance unit. The value of 1.5 mg./ahs. 
unit obtained from the 50° irradiation was used 
for the calculation of the (7-values of Fig. 4. In 
this calculation the arbitrary assumptions were 
made that the product at 50° is the same as at other 
temperatures and that the telomer is made up only 
of C3II6 units.

Hydrogen and Hydrocarbon Production.— Hy
drogen, methane and propane were all produced 
linearly with radiation dose up to about 1021 e.v./ 
g .; this was true both in pure w-C3H7Br and in n- 
C3H7Br with 5 mole %  HBr or 5 mole %  Br2 added. 
These (7-values, calculated for 25° from the slopes 
of the curves, are given in Table I. Since these 
products are not completely eliminated by 5 mole %  
bromine, they must be formed in part by hot reac
tions. Methane and H2 may be formed only in 
this way since 5 mole %  of additive is sufficient 
to interfere with reactions within the spurs. The 
changes in (7(H>) and (7(CIJ4) with 5%  HBr and

Fig. 4.—Telomer production during radiolysis of n-CjHr-
Br, as indicated by absorbancy at 3750A. The “ G ”  values 
indicate C3H6 groups incorporated in telomer per 100 e.v. ab
sorbed, assuming that it is composed only of Calls groups.

5% Br2 probably are due to HBr and Br2 inter
ference with hot reactions. If all of the energy 
absorbed directly by the HBr were used to split 
HBr bonds (3.5 ev.), giving hydrogen atoms which 
yielded II2 by abstraction from the substrate, the 
(?(H2) from this source alone would be 0 5, or 
somewhat less than the increase observed.

The increase in (7(C3HS) in the presence of 5 
mole %  HBr suggests a competition of HBr with 
addition to olefin molecides or recombination re
actions in the spurs. Some of the decrease in (7- 
(C3II8) with 5 mole %  Br2 probably also results from 
interference with spur reactions, but the fractional 
decrease in (?(’C3HS) is much larger than that of (7- 
( / /2) or (7(CH4). The eleven-fold decrease in (7- 
(C3H8) suggests that in the pure bromide some C3H8 
is formed by C3H7 radicals which abstract hydrogen 
from HBr or C3H7Br at some distance from their 
parent spurs.

No propene was found by gas chromatographic 
analysis using an alumina column but when the 
propylene glycol column was used 3.5 ¿¿moles was 
found after a 2 hour irradiation and 5 ¿¿moles after 
a 10 hour irradiation of a 5-ml. sample. The 
C3H8/C 3HB ratio in the latter case was 66/1. The 
non-linearity of C3H6 production suggested by these 
two experiments is qualitatively as would be ex
pected if this compound is consumed by telomer 
formation and HBr addition.

Just a trace of C2 hydrocarbons was observed 
in the chromatogram from the 10 hr., 1021 e.v./g. 
irradiation. The C3H8/C 2 ratio was about 1000, 
indicating that very little C2H6-C H 2Br bond rup
ture occurs. There was also no evidence of C6Hi4.

T a b l e  I
G -V a l u e s  f o r  P r o p a n e , H y d r o g e n  a n d  M e t h a n e

Pure
bromide

5 mole % 
HBr

!) mole %  
Bra

CJIg 3 .5 4 .5 0 .3
OIL 0.06 0 .1 .03
h 2 0 .5 1 .3 .4

Organic Bromide Production.— Gas chromato
graphic analyses of samples of pure n-C3H7Br which 
had received irradiations of 2 X  1020 to 9 X  1020 
e.v./g. indicate that CH3Br, C2H6Br, i-C3H7Br,
l,2-C3H6Br2 and l,3-C3H6Br2 (and/or n-C6Hi3Br 
which was not distinguishable from l,3-C3H6Br2 by
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the method used) are each produced at a constant 
rate, independent of dosage in this range. The 
slopes of these curves yielded (7-values for the 
five bromides of 0.04, 0.1, 2.1, 1.7 and 1.3, respec
tively. When Br2 was added following irradiation 
after exposure to air hut prior to determination of 
1 ho dibromides, no marked change was observed 
in the bromide yields, indicating that the ir
radiated n-C3II7Br did not contain large amounts 
of the olefins C3Hfi and C3H6Br. The analyses in 
these tests showed more experimental fluctuations 
than usual, so that the conclusions as to linearity of 
production rate, (7-values and the effect, of added 
Br2 must be considered as qualitative. In another 
experiment, radiobromine was added under vacuum 
to n-C3H7Br which had received a y-ray dose of 5 X 
1019 e.v./g., and allowed to stand in the dark before 
analysis. Equal amounts of tagged l,2-C3H6Br2 
and l,2,3-C3H5Br3 were found, and the 10“ 3 mole/1. 
C3fi5 concentration deduced from the yield agreed 
with that determined by other means.

Irradiations of 5 X 1019 e.v./g. in the presence 
of radiobromine at a bromine mole fraction of 9 X  
10“ 3 produced eight radioactive organic bromides 
which were identified as f-C3H7Br, w-03H7Br, 1,2- 
C2H4Br2, 1,2-CsHsBrj, l,3-C3H6Br2, l,l,2 -C 2H3Br3,
l,l,2 -C 3H5Br3 and l,2,3-C3H5Br3. The (7-values 
for these eight bromides, each based upon Br82 
uptake during the half hour irradiation, were 0.4,
3.5, 0.2, 6.7 (or 3.3)7, 0.15, 0.01, 0.08 and 0.17, 
respectively. These products were derived from 
the reaction of free radicals, ions, or olefins with Br2 
and hence are indicative of the primary reactive 
chemical species formed by the absorption of radia
tion. The concentration of Br2 (nearly 1 mole % ) 
was sufficient to prevent most interspur reactions 
of radicals by competing effectively with n-C3H7Br 
or HBr for the reactive intermediates. As might 
be expected, the yields show little or no temperature 
dependence in the range from 25 to —78° (a fac
tor of 2 or less in every case) and little or no change 
in product distribution with bromine concen
tration in the range of 10“ 4 to 10“ 2 mole fraction. 
This is the concentration range in which the Br2 
acts primarily as a radical scavenger. However, 
when the Br2 mole fraction is increased from 10“ 2 
to 0.1 and 0.5, the percentage of the organic ac
tivity in n-C3H7Br drops from 34 to 17 to 9%  while 
that as l,2-C3H6Br2 increases from 58 to 76 to 92%. 
At the same concentrations the percentages of the 
total bromine which entered organic combination 
with a dose of 5 X 1019 e.v./g., were 11, 1.3 and 
0.2%.

Radiolysis of Isopropyl Bromide.—A few experi
ments in which isopropyl bromide was irradiated 
indicated an initial (7(HBr) at 25° of about 0.5, 
as contrasted to 2.9 for '«-C/H-Br, and the steady- 
state plateau concentration of HBr was about one- 
fifth that found at, the same dosage rate with 
n-C3H7Br. The telomer color produced in i-

(7) In calculating the G-values, it was assumed that each tribromide 
molecule had incorporated two Br atoms from the radiobromine in 
solution but that each dibromide and monobromide molecule had 
incorporated only one. Consequently if l,2-C3H6Br> was actually 
formed by C3H6 4- Bn — CsIIeBn rather than by R +  CsHyBr —► 
RH +  CsHeBr followed by CsHeBr +  Bn —► CsHeBn, its (7-value 
should be given as 3.3 rather than 6.7.

C3H7Br was only one third as intense as with n- 
C3H7Br and the (7(H)2 of 0.4 and (7(CH)4 of 0.04 
were both slightly lower than with n-C3H7Br. 
In a 5 X  1019 e.v. irradiation in the presence of 0.9 
mole %  radiobromine, f-C3H7Br gave the following 
(7-values for labeled bromide production: i-
C3H7Br, 7.8; n-C3H7Br, 0; l,2-C2H4Br2, 0.9;
1,2-C3H6Br2, 6.0; l,3-C3H3Br2, 0; l,l,2 -C 2H3Br3, 0; 
1 ,l,2-C3HsBr3, 0; 1,2,2-C3H6Br3, 0.07; and 1,2,3- 
C3H5Br3, 0.1. In arriving at these values it was 
again assumed that one bromine in each of the di- 
and tri-bromides was from the parent molecule 
and so did not contribute to the radioactive label
ing. The G of 7.8 for incorporation of labeled 
bromine in ¿-PrBr indicates a distinctly higher 
probability of absorbed energy being channeled 
into C Br bond rupture in ¿-PrBr than in the ir
radiation of n-PrBr where G for incorporation of 
radiobromine as n-PrBr is 3.5. This may be re
lated to the central position of the Br atom or to the 
relative weakness of the C Br bond.

Radiolysis of n-Propyl Chloride.—Exploratory 
experiments on the radiolysis of liquid n-C3H7Cl 
at 25° indicate that HC1, H2 and CH4 are formed 
linearly with dose up to at least 7 X 1020 e.v./g. 
with (7-values of about 5, 1.1 and 0.15, respectively. 
These values are in approximate agreement with 
more recent work on the radiolysis of n-C3H7Cl,89 
but the G(HC1) is significantly higher than reported 
for the butyl chlorides.8 9 10 The linear production of 
HC1 is in contrast to the decrease in G with dose 
observed for HBr from n-C3H7Br.

Discussion
It seems probable that reactions 1 to 11 below 

are important in determining the characteristics 
of the radiolysis of n-C3H7Br reported above. Addi
tional steps which may be involved in the formation 
of minor products will also be discussed. The 
underlined species are those which still possess en
ergy in excess of thermal energy, and the species 
enclosed in parentheses are those which haim not 
escaped the possibility of diffusive recombination. 
Although they may be important, ion molecule 
reactions do not seem to be required to explain 
the observations.

C3H7Br — >  C3H;Br (1)
C JbBr — >  (C3H7 +  Br) (2a)

C3HG -f- HBr (21>)
(C3H7 -j- Br) -)- M — >  CsH7Br -(- At (3a)

(C3H; +  Br) ---- >■ C3H7 +  Br (3h)
(C;!H7 +  Br) -(- HBr — >  C3HS +  Br 4- Br (3c)

( 1 1. +  C3H7 B1' ---- > ( \ 11, * ■ C„I I ,B r (4a)
( 1117 -f- ( H Br---- -> ( Mi, -|- C,H Br (41>)
C3H7 +  C3H7Br — >  C3Hs -f- C3H7Br (5)

C3Ht +  HBr — ^  C3H8 +  Br (6)
Br +  CH3CH2CH2Br — > HBr +  CH3CHCH,Br (7) 

HBr +  CHuCHCHoBr — > Br +  CH3CH,CH..Br (7r) 
CH3CHCH,Br — >  C31I6 +  Br (8)
C3H6 +  B r ---- > CIRCHCH.Br (8r)

(8) H. Benson and J. E. Willard, unpublished.
(9) R. E. Johnson and C. E. Miller, Jr., J. Phys. Chem 63 641 

(1959).
(10) E. B. Dismukes and W. S. Wilcox, Radiation Res 11 754 

(1959).
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Br +  Br +  M — >- Br, +  M (9)
R +  Br, — >- RBr +  Br (10)

R +  C3H0 — ^ RCHoCHCH.t (11)

Primary Reaction Steps.— Extensive work on 
the pyrolysis of ethyl bromide and the propyl 
bromides has been reported in the literature.11 
In these researches, conducted at higher tempera
tures in the gas phase, both steps 2a and step 2b 
have been suggested by different workers as the 
initial step in the thermal decomposition process. 
The major primary step in the radiolysis of liquid n -  
C3II7Br at. 25° appears to be rupture of the C -Br 
bond and escape of the C3H7 radical and Br atom 
from each other (2a, 3b). This is indicated by the 
fact (Table I) that C?(C3H8) is 3.5 in the absence of 
added bromine and drops to 0.3 in the presence of 
bromine, while G for incorporation of radiobromine 
in n-C3H7Br is about 3.5 in irradiations with 
0.9 mole %  labeled bromine present. The effect 
of 5 mole %  HBr in raising G^C^Hs) to 4.5 suggests 
that at 25°, in the absence of added HBr, some 
C3H7 radicals are consumed by a reaction such as 
addition to propene11 or recombination with their 
parent partner (3a) rather than by hydrogen abstrac
tion (3c,4a,5,6). The effects of Br2 and HBr at 5 
mole %  may both include some competition (e.g., 3c) 
with recombination reactions such as (3a) and hot 
reactions in the spurs (e.g., 4a) as well as reaction 
with thermal radicals (6, 10). The results show 
that there are no Ci or C2 hydrocarbons or alkyl 
bromides formed with G greater than 0.2. This 
means that rupture of carbon-carbon bonds must 
occur less than 10% as frequently as bond ruptures 
of Br or H atoms attached to the C3 chain. Es
sentially all of the C-C bond rupture that does occur 
takes place at the C -C  bond furthest removed from 
the bromine atom.

In the irradiation of n-C3H7Br containing 9 X 
10~3 mole fraction of radiobromine a G of 6.7 was 
found for the production of labeled l,2-C3H6Br2, 
assuming that only one of the bromine atoms could 
come from the labeled Br2 while the other was that 
from the parent molecule. This assumption is 
valid if the dibromide is formed by reaction of Br2 
with C3H6Br radicals produced by either primary 
rupture of a C -H  bond (C3H7Br —► C3H6Br +  H) or 
by abstraction of hydrogen (C3H7Br +  Br —► 
C3H6Br +  HBr). Our data do not exclude either 
of these processes but strongly suggest that the 
hydrogen abstraction reaction 7 may be important 
in determining the temperature sensitivity of the 
system. The third avenue for dibromide produc
tion is Br2 +  Chib, -*■ C3H6Br2. If the dibromide 
were formed by this mechanism the G-value would 
be half that calculated from the other mechanisms 
since either Br atom could be tagged. C3H6 can be 
formed either by reactions 7 and 8, which are tem
perature dependent, or by primary radiolytic de
composition, reaction 2b. As discussed later, the

(11) (a) A. Blades and G. W. Murphy, J. Am. Chem. Soc., 74, 6219 
(1952); (b) J. B. Peri and F. Daniels, ibid., 72, 424 (1950): (c) P. 
Aguis and A. Maceoll, J. Chem. Phys., 18, 158 (1950); (d) A. Maccoll 
and P. J. Thomas, ibid., 19, 977 (1951); (e) J. H. S. Green, G. D. Har
den, A. Maccoll and P. J. Thomas, ibid., 21, 178 (1953); (f) A. Maccoll 
and P. J. Thomas, ibid., 23, 1722 (1955); (g) A. E. Goldberg and F. 
Daniels, J. Am. Chem. Soc., 79, 1314 (1957).

G for reaction 2b cannot be greater than 1.5 and is 
probably much less.

From the data of Table I it appears that G (H 
atoms from C-H  bond rupture) must be at least 
0.9 (i.e., 1.3 minus 0.4). It may be higher if H 
atoms are used up predominantly by the reaction 
H +  C3H7Br —► C3H7 +  HBr or if the yield of IJ2 
in the presence of 5 mole %  Br2((r =  0.4) is the result 
of H abstraction by hot H atoms rather than the re
sult of unimolecular splitt.ng out of molecular H2. 
The yield of tagged C3H6Br3 (G =  0.3) in the pres
ence of added bromine suggests strongly that the 
yield of moleclar hydrogen is at least 0.3.

HBr Production.— It is apparent from the ob
served effects of temperature and additives on the 
radiolysis of n-C3H7Br that, except for the minor 
contribution of hot reactions not affected by 5 
mole %  of Br2 of HBr, the net yields of stable prod
ucts are dependent on the relative rates of com
peting temperature-sensitive elementary reaction 
steps. This is illustrated by the values of initial 
G(HBr) of 0.06, 0.12, 2.9 and 10.5 at -7 8 , 0, 25 
and 50°; by the increase in G(HBr) from 0.06 to
1.5 at —78° and from 2.9 to 12 at 25° when Br2 
is added; by the elimination of telomer by added 
HBr and Br2; and by the pronounced reduction of 
propane production by added bromine.

The Cr(HBr) of 1.5 in the presence of 1 mole %  
Br2 at —78° sets an upper limit on the primary 
formation of HBr by tie  concerted elimination 
step C3H7Br —*- C3H6 +  HBr (2b) for all tempera
tures unless this step is sensitive to “ caging”  ef
fects which are temperature dependent. The 1.5 
value must represent the total production of HBr 
at this temperature since all free radicals and ole
fins which might consume HBr would be removed 
by the bromine. It is the sum of HBr produced by 
the HBr elimination process and by abstraction 
processes involving hot Br atoms since abstrac
tion of H by thermal Br atoms would be negligible 
at this temperature.

The increase in (r(HBr) with increase in tem
perature must be due in part at least to the in
creasing rate constant for reaction 7 and it seems 
probable that this reaction plays a dominant role 
as a step in chain processes for radical production 
at 25° and above. Because the secondary hydro
gen bonds of n-C3H7Br are probably several kcal. /  
mole weaker than the primary bonds reaction 7 is 
expected to form the CH3CHCH2Br radical. 
Preferential abstraction of the secondary hydrogen 
is indicated by the small amount of l,3-C3H6Br2 
formed with 1 mole %  Br2 in comparison to the G 
of 6.7 for l,2-C3H6Br2.

It is interesting to note the qualitative agree
ment at 25° among the values of G (organic in
corporation of radiobromine) = 12, G(HBr) in the 
presence of added Br2 = 12, and (7(l/2Br2) in the 
presence of added HBr = 14. Each of these may 
be taken as a measure of the concentration of radi
cals which are scavengeable at the additive concen
trations employed. It is consistent with the ob
served results to ascribe the decrease in G(II Br) 
with increasing dose in the absence of additives to 
HBr addition to C3H6, via, perhaps, reactions 8r 
and 7r, as the concentrations of both compounds
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increase. In a n-C3H7Br solution containing 2 X 
10~2 mole/1. each of added C3H3 and IIBr, a dose 
of 2.4 X  1019 e.v./g. was sufficient to decrease the 
HBr concentration tenfold, the final HBr concen
tration being lower than the normal steady state 
reached upon prolonged irradiation of pure bromide. 
No addition occurred in the dark. The limited 
propene data obtained from radiolyzed solutions 
indicate that it reaches a steady-state concentra
tion of about 10-8 mole/1. while the corresponding 
HBr concentration is 5 X 10~s mole/1. The fact 
that telomer production is prevented by added 
HBr (or Br2), but is enhanced by added propene, 
suggests that HBr competes with other species for 
reaction with propene or radicals involved in telomer 
formation.

G(C3H6) and G(HBr) would be equal if the two 
compounds are formed by reactions 3b, 7 and 8, 
or by reaction 2b and did not enter subsequent re
actions. The fact that G(HBr) and G(telomer) 
both increase with temperature may be attributed 
to increasing rate constants for reaction 7 and 8, 
the propene formed via 8 reacting with radicals in 
chain lengthening steps to form the telomer. The 
consumption of C3H6 to form telomer reduces its 
net G-value far below that of HBr. For the 25° 
steady-state condition shown in Fig. 1 the hypoth
esis suggested is that HBr and propene are re
acting with each other at a rate equal to that of their 
formation. Disturbing of this steady state with 
scavenger additions changes completely the spec
trum of the radiation products. Thus HBr addi
tion eliminates telomer production and results in 
bromine formation while 5%  propene addition en
hances the telomer rate but eliminates net HBr 
production. These effects presumably are due to 
reactions of the type R. -f- HBr -*■ RH +  1/2 Br2, 
which may be able to compete with C3H6Br de
composition via reaction 8, or to reaction of HBr 
with other chain initiating or carrying intermedi
ates. Within the framework of the reaction hypoth
esis, such a competition would be required to 
yield the observed G of 7 for Br2 production.

Mary Benedict12 in our laboratory has found that 
when solutions of tritium bromide of 9 X 10~smole/
1., about twice the 25° plateau level in Fig. 1, are 
irradiated, appreciable tritium enters combination 
as M-C3H7Br. This observation seems to require 
the reaction C3H6Br +  TBr — C3H6TBr +  Br. 
In this same work the tritiated propane yield was 
negligible even after applying a maximum correc
tion factor for the isotope effect. This indicates 
that essentially all of the C3H8 must be produced via 
reactions 4a and 5 rather than by hydrogen abstrac
tion from HBr. Propyl radicals which react with 
solvent remove the opportunity for C3H7T forma
tion via reaction with TBr, whereas C3H6Br radicals 
which react with the solvent are replaced by an 
identical radical, thus favoring eventual reaction 
with TBr to form C3H6TBr.

Bromine Production.—No visible amounts of 
bromine were produced in any irradiations of 
propyl bromide without additives, but it is possible 
that visually undetectable amounts were present. 
Since the activation energy for H atom abstrac-

(12) M. Benedict, M. S. Thesis, University of Wisconsin, 1959.

tion from the substrate by Br atoms is probably 
appreciably lower than for the corresponding Br 
atom abstraction, and is sufficiently low to compete 
effectively with Br +  Br -► Br2 at the Br atom con
centrations of these solutions, the only Br2 formed 
would seem to be that formed by hot reactions. 
Any such bromine would react with any propene 
present even in the absence of radiation and would 
also compete with HBr for radicals formed during 
radiolysis.

If for the purpose of a rough estimate it is 
assumed that the reactions of radicals with Br2 
and with HBr have equal frequency factors and 
that the activation energy for reaction with HBr 
is 3 kcal./mole and for reaction with Br2 is 1 keal./ 
mole, values of fcnBr/fcBr, of 0.04 at 25° and 0.007 
at —78° are obtained. At the maximum of the 
curve of Fig. 3, for the experiment starting with 
1 mole %  HBr, the PIBr/Br2 ratio is about 13. 
Since the rates of reaction of radicals with Br2 and 
with HBr are presumably equal at this point, the 
data indicate that ZcHBr/̂ Br, =  0.08. If these es
timates of fcHBr/fcBr, are approximately correct, in 
experiments under the conditions of the plateau of 
the 25° curve of Fig. 1, the steady-state concentra
tion of Br2 was less than about 10-4 mole/1., which 
is at about the limit of visual detection in the re
action cells used.

Organic Bromides.—Among the conclusions sug
gested by the data on the production of bromides 
in the absence of additives and on the production 
of labeled bromides in the presence of radiobromine 
are the following.

(1) Since CH3Br and CH4 are observed as prod
ucts of the irradiation of pure n-C3H7Br but no 
CH3Br82 was found for irradiations in the presence 
of radiobromine at 9 X 10~3 mole fraction, forma
tion of a hot methyl radical via C3H7Br —► CH3 +  
C2H4Br is indicated. A G of 0.1 is indicated for 
CH3-C 2H4Br bond rupture. The hot CH3 radicals 
may then form either CH3Br or CH4 by abstracting 
either Br or H atoms from the substrate. This 
reaction must take place very shortly after CH3 
formation. The C2H4Br fragment appears to react 
via a thermal reaction to yield C2H6Br or, in the 
presence of Br2, or give C2H4Br2, as observed with 
radiobromine.

(2) The G of 6.7 for l,2-C3H6Br2 in the experi
ments with radiobromine suggests a G of 6.7 for 
C3H7Br +  Br —► C3H6Br +  HBr under the condi
tions of the experiment if C3H6Br reacts with 
bromine to form C3H6Br2. If C3H6Br decomposes 
before reaction with bromine, giving Br and C3H6, 
followed by addition of Br2 to C3H6, the G-value is
3.3. In view of other evidence cited for reaction 
of the C3H6Br radical with added HBr or Br2 be
fore decomposition (including material balances 
for G-values of HBr and Br2 production in the ex
cess of the other as additive, and for the scavenging 
of radicals by radioactive bromine) the 6.7 value 
appears to be the more nearly correct.

(3) The fact that f-C3H7Br is formed with a G 
of 2.1 in the irradiation of pure n-C3H7Br while the 
G of the radioactive f-C3H7Br formed in the pres
ence of 1% radiobromine is only 0.4 indicates either 
that Br2 inhibits the formation of f-C3H7Br or that
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it is formed by an intramolecular isomerization 
which does not involve a thermal free radical. 
In the analogous alkyl chloride system it has been 
found8 that n-C3H7Cl is isomerized to ¿-C3H7CI 
by radiation in a chain reaction catalyzed by HC1, 
(r-values in excess of 100 being observed. This 
chain is eliminated by low concentration of I2. 
The isomerization appears to occur by the sequence 
Cl +  n-C3H7Cl —  CH3CHCH2C1 +  HC1; CH3- 
CHCITC1 CH3CHCICH2; CH3CHC1CH2 +  
HC1 -> i-C3H7Cl +  Cl, Cl +  n-CJbCl — CH3-

CHCH2C1 +  HC1, etc. It may be that CH3CH- 
CH2Br radicals occasionally isomerize and are 
stabilized by a similar mechanism. Such a pos
sibility is consistent with our data and could ac
count for the effect of added Br2 on GU-C3H7Br).
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EFFECT OF CHLORIDE ON THE KINETICS OF ELECTROOXIDATION OF 
CHROMIUM(II) IN ACIDIC PERCHLORATE MEDIUM1
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The effect of chloride on the kinetics of the electrooxidation of chromium(II) in acidic 1 M  sodium perchlorate solution 
has been studied by the potentiostatie technique at the hanging mercury drop electrode. A convenient method of in situ 
generation of chromium(II) for electrode kinetic studies has been devised by a simple modification of the direct potentio- 
static technique. At constant applied potential, the oxidation of chromium(II) is enhanced by chloride, the reaction fol
lowing two parallel paths. The first is independent of chloride, yielding hexaaquachromium(ill), and the second is first 
order in chloride at chloride concentrations up to 50 millimolar, yielding chloropentaaquachromium(III). The ability of the 
halides to enhance the reaction increases from fluoride to chloride to iodide, indicating that tendency of the halides toward 
specific adsorption at the electrode surface determines their relative efficiencies in enhancing the reaction.

Introduction
In contrast to numerous studies of the electro

reduction of chromium(III) species, few studies 
have been concerned with the electrooxidation of 
chromium(II). Pecsok and Lingane3 studied the 
anodic polarography of chromium(II) in a wide 
variety of aqueous media. They observed t hat the 
E i/ 2 of the irreversible chromium(II) oxidation 
shifted from —0.34 v. to —0.40 v. vs. the SCE as 
the supporting electrolyte was changed from 0.1 
M  potassium chloride to 1.0 M  potassium chloride, 
and that the E\/, was —0.43 v. vs. the SCE in 0.1 
M  tetramethylammonium bromide. Abubacker 
and Malik4 have also made a qualitative study of 
the electrooxidation of chromium (II) and conclude 
that the reaction is accelerated by chloride ion. 
It is plain that chloride and bromide both facilitate 
the oxidation of chromium(II) and that the latter 
is the more effective. However, the E i/2 of an 
irreversible polarographic wave is often quite sen
sitive to the total salt concentration as well as to 
the concentrations of ions which are directly in
volved in the electrode reaction.5 The concentra
tion and type of salt are important as they de
termine the structure of the electrical double layer

(1) Taken in part from the Ph.D. Thesis of David A. Aikens, Massa
chusetts Institute of Technology, June, 1000. This work was sup
ported in part by the U. S. Atomic Energy Commission under C.n- 
tract A T(30-1)905.

(2) E. I. du Pont Teaching Fellow, 1958-1959; National Science 
Foundation Regular Fellow, 1959-1960.

(3) R. L. Pecsok and J. J. Lingane, J. Am . Chem. Soc., 72, 1,89 
(1950).

(4) Iv. M. Abubacker and W. U. Malik, J. Indian Chem. Soc., 36, 
463 (1959).

(5) (a) M. Breiter, M. Kleinerman and P. Deiahay, J. A m . Chem. 
Soc., 80, 5111 (1958); (b) W. H. Reinmuth, L. B. Rogers and L. E. I. 
Uummelstedt, ibid., 81, 2947 (1959).

in which the electrode reaction occurs. Because 
of such “ non-specific salt effects” only qualitative 
significance can be attached to the above data.

The purpose of the present investigation is to 
determine quantitatively the effect of chloride ion 
on the kinetics of the electrooxidation of chro
mium (II) at a mercury electrode in acidic perchlor
ate solution and to elucidate the role of chloride in 
the reaction. Chloride is of interest as typical 
of the halide ions, which, because of their simple 
structure, are of importance in theories of the 
mechanism of electron transfer.

Rate constants of slow electrochemical reactions 
can be deduced from polarographic data.6 How
ever, the potentiostatie technique using a hanging 
drop electrode offers significant advantages and 
has been employed in this study. Slow electrode 
reactions (fc <  10-2 cm./sec.) can be studied with 
relatively simple apparatus. The rate constant of 
the electrode reaction can be evaluated by a simple 
extrapolation of current-time data.

As in polarographic studies, non-specific salt 
effects are operative and will be reflected as varia
tions in rate constants with double layer structure. 
In this work variation due to non-specific salt effects 
is negligible since the total electrolyte concentra
tion is maintained constant and the composition 
nearly constant, varying from 1.0 M sodium per
chlorate to 0.95 M  sodium perchlorate-0.05 M 
sodium chloride. The observed variation in rate 
with composition is thus indicative of the stoichi
ometry of the electrode reaction.

Considerable difficulty was experienced in main-
(6) (a) J. Koutecky, Coll. Czechoslov. Chem. Com m une., 18, 597 

(1953); (b) P. Deiahay, “ New Instrumental Methods in Electrochem
istry,”  Interscience Publ., New York, N. Y., 1954.
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taining polarographic concentrations of chro- 
mium(II) in perchlorate medium. In spite of pre
cautions to exclude oxygen and to remove potential 
oxidants from the solution by pre-electrolysis, it 
was found that chromium(II) was oxidized within 
45 minutes of addition of an aliquot to the per
chlorate supporting electrolyte.

The generation of chromium(II) at the electrode 
surface by a modification of the direct potentio- 
static method has been found to be a convenient 
solution to this problem. A solution containing 
a known concentration of chromium(III) was elec
trolyzed at —1.10 v. vs. the SCE for 15 seconds. 
The potential was sufficiently cathodic that the 
concentration of chromium(III) at the electrode 
surface is zero, and a layer of chromium(II) is 
generated in the vicinity of the electrode. Shift
ing the potential to a value at which the oxidation 
of chromium(II) occurs results in a current-time 
curve for the oxidation which approximates that 
which would result if the solution initially contained 
chromium(II) at the same concentration as the 
chromium (III) in the actual experiment. The 
validity of the approximation depends upon two 
factors: the equality of the diffusion coefficients 
of chromium(II) and chromium(III) and the 
generation time being long compared to the interval 
in which the reoxidation is observed. The first 
requirement is met as can be seen from published 
values of I, the diffusion current constant for these 
species. Lingane and Pecsok7 report that the I  
for aquachromium(III) in 0.25 M  potassium chlo
ride is 1.50 and Abubacker and Malik4 report that 
for aquachromium(II) to be 1.54 in 0.1 to 1.0 M  
potassium chloride. The second requirement is 
met by limiting the observation of the reoxidation 
to 1 second and extrapolating the experimental 
current to zero time.

Experimental
Recorder and Switching Network.— Current-time curves 

were recorded with a Sanborn Model 151 Recording Galva
nometer fed by a Sanborn Model 150-1800 d.c. amplifier. 
The full scale deflection was 5 mv. and the full scale response 
time was 0.01 stc. All curves were recorded at a chart 
speed of 100 mm./sec.

In order to standardize the operations involved in record
ing current-time curves a switching network activated by a 
synchronous timer was employed. The network applied the 
appropriate potentials to the cell for the generation step 
and the subsequent reoxidation and connected the recorder 
for the observation of the latter. The potentials were de
rived from 50 ohm Helipot potentiometers fed by three 4 FH 
Burgess 1.5 volt cells in parallel and were adjusted to 
±  0.25 mv. with a potentiometer. Clare mercury wetted 
relays were used throughout. A delay of 0.02 second be
tween the application of the second potential to the cell and 
the connection o ’ the recorder was introduced to prevent 
serious overloading of the latter by the large charging cur
rent pulse associated with the sudden change in applied 
potential.

Cell.— The cell was constructed of glass and Teflon and 
was of conventional design. A large saturated calomel elec
trode served as a working reference electrode, connection to 
the cell being made with a fritted disc salt bridge filled with 
saturated sodium, nitrate solution. The over-all cell resist
ance was 850 ohms. The working electrode was a hanging 
mercury drop electrode,8 a fresh drop being employed for 
each current-time curve. The drop area was calculated by 
collecting and weighing 50 drops. The system was thermo

(7) J. J. Lingane and R. L. Pecsok, ./. Am. Chem. Soc., 71, 425 
f l 949).

(8) H. Gerrischer, Z. physik. Chem. (Leipzig), 202, 302 (1953).

stated at 25 ±  0.1°. Solutions were deaerated with pre
purified nitrogen for 30 minutes before a series of measure
ments and the nitrogen stream was passed over the surface 
of the solution during the measurements.

Reagents.— All materials were analytical grade reagents. 
Solutions were prepared with laboratory supply distilled 
w'ater which had been redistilled from basic permanganate 
and dilute sulfuric acid, successively, to destroy traces of 
surface-active organic matter.

Chromium(III) perchlorate was prepared by reduction of 
sodium dichromate with hydrogen peroxide in perchloric 
acid followed by boiling to destroy excess peroxide. The 
salt was recrystallized and dissolved in 0.1 M  perchloric 
acid.

Sodium perchlorate served as the basic constituent of the 
supporting electrolyte, the ionic strength of which was 1.0 in 
all cases. Halides were added as the sodium salts. The 
sodium perchlorate solution was prepared by reaction of the 
appropriate amount of sodium carbonate with a slight excess 
of perchloric acid (pH 2) followed by boiling to remove 
carbon dioxide. The pH of the final electrolyte solution 
was 2.0.

The concentration of chromium in the solutions used in 
the potent,iostatic studies was determined spectrophoto- 
metrically as chromate, as described by Haupt.9 A Beck
man DU spectrophotometer was used and calibrated with 
solutions prepared from potassium dichromate.

The bound chloride content of chromium(III) species was 
determined by reaction with excess standard silver nitrate at 
100° as described by Elving and Zemel.19 Free chloride 
had been removed previously by potentiometric titration 
with silver nitrate at 0 0. The absorption spectrum of chloro- 
pentaaquachromium(III) was determined from a solution 
prepared by the method of Elving and Zemel.19

Rate constants were evaluated from plots of current vs. the 
square root of time. Ross11 has shown that for the case of 
uniform initial concentration of reactant, the plot becomes 
linear at short values of time at a spherical electrode allowing 
an accurate extrapolation to zero time. The residual cur
rent was subtracted whenever its contribution to the total 
current was greater than 2% . At zero time the relation 
between current and rate constant for a first- order electrode 
reaction is given by

i  =  hnAFC

where i is the current in amp., n is the number of electrons 
involved in the reaction, A is the electrode area in square 
cm., F  is the value of the faraday, C is the concentration of 
reactant in moles/cc., and k is the rate constant of the elec
trochemical reaction in cm./sec. Correction was made for 
iR  drop in the cell as calculated from the initial current and 
the cell resistance. Because of increasing curvature of the 
plots with increasing values of k, the largest value of k which 
could be determined satisfactorily with this apparatus was 
about 10 ~2 cm./sec.

Results
The effect of 0 to 5 X 10 ~2 M  chloride on the 

kinetics of the electrooxidation of chromium(II) 
is shown in Fig. 1. The rate constant data are 
presented as apparent first-order rate constants 
based on the chromium(II) concentration. In the 
absence of chloride, the reaction is first order in 
chromium(II) from 0.5 to 7.0 X 10- W  in chro- 
mium(II). At a fixed chloride concentration the 
rate constant varies approximately exponentially 
with potential, reflecting both the variation of the 
non-specific salt effect with potential and the expo
nential dependence of rate on potential predicted 
by the Eyring treatment of electrode kinetics.12

At a fixed potential the increase in rate constant 
with chloride concentration is proportional to the 
chloride concentration. The rate law for the oxi-

(9) G. W. Iiaup t, J. Research Natl. Bur. Standards, 48, 414 (1952).
(10) P. J. Elving and B. Zemel, J. Am . Chem. Soc., 79, 1281 (1957).
(11) J. W. Ross, Jr., Ph.D. Thesis, University of Wisconsin, 1957.
(12) S. Glasstone, K. Laidler and H. Eyring, “ The Theory of Rate 

Processes,”  M cG raw -H ill Book Co., New York, N. Y ., 1941.
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elation of chromium(II) takes the form 
k =  k\ -j- /c2(Cl—)

where k is the observed apparent first-order rate 
constant, ki is the first-order rate constant for the 
oxidation of chromium(II) in the absence of chloride 
at the potential in question and k2 is a second-order 
rate constant. Values of fci X 105 in cm./sec. at 
50 mv. intervals from —0.500 v. vs. the SCE to 
— 0.300 v. vs. the SCE are 6.7, 13.8, 28, 57 and 119, 
while the corresponding values of k2 in cm.4/mole 
sec. are 6.3, 20, 60, 172 and 380. The kinetic 
data correspond to the parallel reactions

C r + 2  = O r«  +  e -  la  (1)
C l- +  Cr+2 =  CrCl+2 +  e~ (2)

The product of reaction 2 has been identified by 
analysis of the products of a large scale electrolytic 
oxidation of chromium(II) at a mercury pool under 
such conditions that virtually all of the chromium- 
(II) should follow path 2. The chromium(II) 
solution was prepared by reducing a solution of 0.01 
M  chromium(III) in 0.85 M  sodium perchlorate, 
0.10 M  sodium chloride, 0.05 M  perchloric acid in 
a Jones reductor, introducing the effluent directly 
into the electrolysis cell under an atmosphere of 
prepurified nitrogen. The oxidation was carried 
out at —0.10 v. vs. the SCE by manually varying 
the potential applied between the pool and an 
external platinum electrode. The electrolysis was 
stopped after 4 hours and it is estimated from the 
decay of the current that approximately 90-95% 
of the chromium(II) had been oxidized.

The ratio of bound chloride to chromium(III) 
in the product mixture was 0.85 as determined by 
titration. The low result probably is due to air 
oxidation of the chromium(II) during or after the 
electrolysis. This was confirmed by comparing 
the absorption spectra of the products of the 
electrolysis, pure chloropentaaquachromium(III), 
and the air oxidation product of chromium(II) 
obtained under the experimental conditions.

The enhancement of the electrooxidation of 
chromium (II) by halide ion decreases in the order
I - , Cl~, F~, as shown in Fig. 2. Comparison 
of the halides was made at an ionic halide con
centration of 5.0 X 10~3 M. The case of fluoride is 
complicated by the low dissociation constant of 
hydrofluoric acid, which must be taken into ac
count to ensure the same concentration of halide 
ion in each case. The fluoride ion concentration 
was adjusted using the stoichiometric hydrogen ion 
concentration of the solution, 5.1 X 10 3 M, and 
Ahrland and Larsson’s13 value for the dissociation 
constant of hydrofluoric acid in this medium of 1.15
x io-3.

Discussion
No evidence was found for a reaction higher than 

first order in chloride over the range of variables 
investigated. Such a reaction may become im
portant at high chloride concentrations, but the 
rate of the electrode reaction places study of its 
kinetics beyond the capabilities of the present 
apparatus. Furthermore, proof of the path of the 
reaction by identification of the product is pre
cluded by the rapid reaction

03) S. Ahrland and R. Larsson, .4ria Chem. Scand., 8, 354 (1954).

Fig. 1.-—Apparent first-order rate constant for oxidation 
of chromium(II) in sodium perchlorate-sodium chloride 
medium: A, C l“  = 0.000 /If; B, C l“ = 0.001 M ;  C, C l“ = 
0.003 M : 1). C l“ = 0.005 .If; E, C l“ = 0.010.1/; F, C l“ = 
0.020/1/; (1, Cl = 0.030 M  H, C l“ = 0.050 Af.

Fig. 2.—Effect of 0.005 M halide ions on apparent first- 
order rate consta it for oxidation of chromium(II): A, no
halide present; B fluoride; C, chloride; D, iodide. Arrows 
indicate e.c.m. potentials of chloride and iodide-containing 
solutions.

C r+2 +  CrCl2+1 =  Cr+2 +  Cl“  +  CrCl+2
Taube and Myers14 found the second-order rate 
constant for this reaction to be 104 l./mole min. 
at 0°. Thus d:chlorochromium(III) species would 
be converted rapidly into the monochloro species 
as long as chromium(II) were present, obscuring 
the results of the electrode reaction.

The kinetic data describe the effect of chloride 
quantitatively but do not indicate the manner in 
which it enhances the reaction rate. Two imme
diate possibilities arise. First, halide specifically 
adsorbed on the mercury surface may act as an 
efficient bridge for electron transfer as proposed by 
Heyrovsky15 to explain the increased ease of re
duction of indie ion in the presence of halides. The 
second possibility, which would be kinetieally 
identical with the first, is the oxidation of a mono- 
chlorochromium(II) complex formed in the bulk 
of the solution.

The relatively large effece of chloride on the rate 
suggests the former possibility as does the fact that

(14) H. Taube and H. Myers, J. Am. Chem. S o c 76, 2103 (1954),
(15) J. Heyrovsky, Disc. Faraday Soc., 1, 212 (1947).
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the contribution of the chloride path increases 
rapidly as the potential is made more positive. 
Although the ratio fc2//ci is not meaningful per se, 
the variation o: this ratio with potential is. The 
ratio increases from 9.4 X  104 at —0.500 v. vs. the 
SCE to 3.2 X 106 * at -0 .300 v. vs. the SCE. 
At a chloride concentration of 0.01 M, 48% of the 
reaction would proceed via the chloride path at 
— 0.500 v. vs. the SCE, while at —0.300 v. vs. 
the SCE, 76% of the reaction would follow this 
path. An interpretation based upon such evidence 
alone is conjectural at best, however.

Comparison of the relative enhancement caused 
by a series of halides is a much better test of the 
two hypotheses since the tendencies of the halides 
toward specific adsorption on mercury is opposite 
to their tendencies to coordinate with chro- 
mium(II). The specific adsorption of iodide is 
greater than that of chloride, while fluoride shows 
no tendency toward specific adsorption according 
to Grahame.13 Although no direct evidence is 
available on the relative stabilities of chromium- 
(Il)-halide complexes, indirect evidence indicates 
that the stability should decrease sharply from 
fluoride to iodide. The measured stability con
stants of the monochloro- and the monofluoro- 
chromium(lll) species as quoted by Bjerrum,

(16) D . C. Grahame, Chem. Revs., 41, 441 (1947).

et al..u are 4 and 10~5 at zero ionic strength, and 
the stabilities of the chromium(II) species would 
be expected to follow the same order. Further, 
Ahrland, et al.,u in a detailed survey of the complex 
formation tendencies of metal ions conclude that 
the stability of chromium(II) halide complexes 
should decrease from fluoride to iodide.

The results presented in Fig. 2 strongly support 
the halide adsorption hypothesis. The effective
ness of the halides in facilitating the chromium- 
(II) oxidation increases from fluoride to iodide, 
paralleling the extent of adsorption. The effect 
of chloride and iodide is the greatest at the more 
positive potentials where the adsorption is the 
greatest. The potentials at which they become 
ineffective are slightly negative of the electrocapil
lary maxima of the respective solutions, which in 
turn are slightly positive of the potentials at which 
adsorbed anions are completely desorbed. The 
effect of fluoride in contrast is nearly independent 
of potential. Since fluoride is not specifically 
adsorbed, the difference between its behavior and 
that of chloride and iodide offers additional support 
for the a.dsorption mechanism.

(17) J. Bjerrum, G. Schwarzenbach and L. Sill6n, “ Stability Con
stants of M etal-Ion Complexes,”  Part II, The Chemical Society, Lon
don, 1958.

(18) S. Ahrland, J. Chatt and N. R. Davies, Quart. Revs. {London), 
12, 265 (1958).

THE FLUORIDE COMPLEXES OF SILVER AND STANNOUS IONS IN
AQUEOUS SOLUTION
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Leden and Marthen’s work on the fluoride complexing of argentous ion has been repeated at an ionic strength of 0.5 M  
and as a function of temperature to yield values for the equilibrium constant, heat and entropy of formation of the first 
fluoride complex. A value for the first fluoride complex of stannous ion was measured at 25° using both an e.m.f. method 
and a spectrophotometric method. The former made use of the tin amalgam-stannous ion couple while the latter depended 
on uranyl ion as a spectrophotometric indicator for fluoride ion. Although the results of the two methods are in substantial 
agreement with each other, the values of the equilibrium quotient as a function of stannous ion and hydrogen ion concen
trations are not constant. No explanation has been found for this discrepancy.

In a continuation of the study of the stability of 
fluoride complexes of + 2  ions in aqueous solution1’2 
the complexing constants for the first fluoride 
complexes of Ag+ and Sn++ were determined. 
Leden and Marthen3 previously had measured the 
complexing of silver ion at an ionic strength of 1.0 
and at 25°. Their work was extended to other 
temperatures but at an ionic strength of 0.50 M. 
Schaap, Davis and Ncbergall4 had reported a very 
high value for the stability constant for the stan
nous fluoride complex containing three fluorides, 
but apparently no quantitative data were avail
able for the lower complexes.

The measurements were made potentiometrically 
on the silver-silver ion couple and the tin amalgam-

(1) R . E . Connick and Maak-Sang Tsao, J. Am. Chem. Soc., 76, 
5311 (1954).

(2) R . E . Connick and A. D . Paul, ibid., 80, 2069 (1958).
(3) I . Leden and L. Marthen, Acta Chem. Scand., 6, 1125 (1952).
(4) W . B. Schaap, J. A . Davis and W . B. Nebergall, J. Am. Chem. 

Soc., 76 . 5226 (1954).

stannous ion couple. Additional experiments on 
tin were done using a spectrophotometric measure
ment of the competition between uranyl ion and 
stannous ion for fluoride ion.

Experimental
Silver.—Two half cells were connected by means of a 1.6 

M  sodium perchlorate-agar agar salt bridge in order to 
minimize junction potentials, and an atmosphere of nitrogen 
was maintained. Each half cell initially contained solutions 
of silver perchlorate, sodium perchlorate and perchloric 
acid. The solutions were stirred continuously. The cells 
and measuring apparatus were the same as described else
where.6’6 The cells and caps were painted black to prevent 
action of light on the silver.

The silver-silver ion electrodes were prepared by rapidly 
electrolyzing onto platinum a 0.1 M  silver nitrate solution 
slightly acidified with nitric acid. The more rapid the elec
trolysis, the more rapid, reversible, and reproducible were the 
electrodes. In the limit, however, the silver deposit was so

(5) H. W . Dodgen and G. K . Rollefson, ibid., 71 , 2600 (1949).
(6) L . G. Hepler, J. W . Kury and Z. Z. Hugus, Jr., J. Phys. Chem.,

58, 26 (1954).
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spongy that it would not adhere well to the platinum. In 
practice, the electrodes usually were electrolyzed at a cur
rent of about 30 milliamp. for 5 or 10 min. or until the sur
face of the platinum was entirely covered with silver. Be
fore the plating, the electrodes were cleaned by dipping for 
a second in warm aqua regia. Electrodes prepared under 
these conditions usually agreed within 0.2-0.3 mv. and came 
to equilibrium within 5 minutes.

One hundred-ml. aliquots of stock solution containing the 
desired concentrations oi silver perchlorate, perchloric acid 
and sodium perchlorate at an ionic strength of 0.5 M  were 
pipetted into each half cell. After the initial zero potential 
had become constant, known quantities of sodium fluoride 
were added to half cell A and the same quantity of sodium 
perchlorate added to half cell B and the difference in poten
tial from the initial zero potential measured after each addi
tion.

Stannous Ion.— Each half cell initially contained solutions 
of stannous perchlorate, perchloric acid and sodium per
chlorate. At low acidities, the cells were connected by 
means of a sodium perchlorate-agar agar salt bridge. Since 
the agar agar is not stable in perchloric acid solutions whose 
concentration is greater than 1 ill, for such solutions a bridge 
was used with tiny ground glass stoppers at each end and 
filled with a perchloric acid-sodium perchlorate solution 
whose concentration was equal to that in the cells.

The cells and measuring apparatus were the same as used 
for the silver experiments. The electrodes were J-shaped 
pieces of glass tubing, the short arm consisting of a small cup 
with a sealed-in platinum wire connecting to a short column 
of mercury for electrical contact in the long arm. The cup 
was filled with tin amalgam. For most experiments a 
saturated tin amalgam7 was prepared by warming about 1.2 
g. of metallic tin in 10 cc. of triply distilled mercury. The 
electrodes responded rapidly, were reversible and reproduci
ble, and came to equilibrium almost instantly.

The cells were flushed out with nitrogen for 15 minutes 
before use. Known volumes of sodium perchlorate, per
chloric acid, boiled conductivity water and freshly prepared 
stannous perchlorate were added to each half coll. The 
stannous perchlorate was prepared not more than an hour 
before use. The initial ionic strength was either 0.50 or 
2.00 ill. The cells were stirred constantly and an atmos
phere of nitrogen was maintained. The nitrogen was purified 
by passing it through solutions of vanadyl sulfate according 
to the method of Meites and Meites.8 Under these condi
tions not more than one per cent, ot the total tin was oxidized 
to stannic at the end of an experiment as shown by an iodine 
titration. The presence of this quantity of stannic ion was 
shown not to affect the behavior of the tin amalgam-stan
nous ion electrode.

After the initial small zero potential (0.1 mv. or less for 
the last three expts. of Table IV) had become constant, 
known quantities of sodium fluoride were added to half cell 
A and the same quantity of sodium perchlorate added to 
half cell B and the potential measured after each addition.

Solutions.—The source and purity of water, perchloric 
acid, sodium perchlorate and sodium fluoride have been 
given elsewhere.6

Mallinekrodt Analytical Reagent Ag.O was dissolved in 
perchloric acid to give a silver perchlorate solution. Silver 
was determined by titration with sodium chloride according 
to Mohr’s method and the acidity was found by titration 
with sodium hydroxide after precipitation of silver chloride 
with sodium chloride.

Solutions of SnlClCbk-HClCh were prepared by passing a 
solution of cupric perchlorate through a column containing 
metallic tin according to the method of Noyes and Toabe.9 
The column and flask in which the stannous perchlorate was 
collected were filled with nitrogen at all times to prevent 
oxidation. Stannous ion was determined by titration with 
standard iodine under an atmosphere of nitrogen, and the 
acidity determined by titration with standard sodium 
hydroxide. The stannous ion concentration and acidity 
determined by this method agreed sufficiently well with the 
copper concentration and acidity of the initial cupric per
chlorate solution, so that in later experiments the iodine ti
tration was eliminated and the stannous ion concentration

(7) M . M . Haring and J. C. White, Trans. Electrochem. Soc., 73, 
211 (1938).

(8) L. Meites and T . Meites, Anal• Chem., 20 , 984 (1948).
(9) A . A . Noyés and K . Toabe, J. Am. Chem. Soc., 39, 1537 (1917).

taken to be equal to the copper concentration and the acidity 
taken to be equal to the acidity of the cupric perchlorate 
solution.

A uranyl perchlorate solution was prepared by dissolving 
UO3 in excess perchloric acid. The concentration of uranyl 
ion was determined by evaporating to dryness and igniting 
at 900° to U3O8. The acidity was determined by precipitat
ing the uranium as UCVailKO with hydrogen peroxide and 
titrating with standard NaOH to the phenolphthalein end
point.10

Results and Discussion
Silver.—The initial conditions and highest stoi

chiometric fluoride concentration for each ex
periment are summarized in Table I. At each 
temperature the initial acidity was varied over 
twenty-fold and the silver ion concentration five
fold. In Table II are given half of the data for a 
representative experiment. The E  values are for 
the cell potential, corrected for the small initial 
potential with no added fluoride. The complete 
experimental data may be found elsewhere.11

T a b l e  I

I n i t i a l  C o n d i t i o n s  f o r  S i l v e r  E x p e r i m e n t s  a t  a n  I o n ic  
S t r e n g t h  o f  0.50 M

Tem p.,
°C .

HCIO,. 
M  X  101

AgClOt, 
M  X  102

NaClOi,
M

Highest (S F -) ,  
11

15, 35 21.45 4 190 0.4368 0.13
15, 35 4.849 21.00 .2851 .19
15,35 0.9675 4.190 .4571 .13

25 41.26 10.53 .3534 .12
25 4.862 21.06 .2846 .13
25 0.9704 4.203 .4571 .12

The equilibria which must be considered are

Ag+ +  F -  =  AgF(„q)

HF =  11+ +  F~

HF +  F -  =  H id “

0i
(AgF)

(A g+)(F -)

n _  (JTri(FT)
h  (HF)

a  = (HF-2_) 
(H F X F -)

(1)

(2)

(3)

where Q is the equilibrium quotient expressed in 
concentration units of moles per liter. Values for 
Qi for n (ionic strength) =  0.50 M  are in the litera
ture.12 Broene and DeVries’ value for Qz at p. =  
0 was used at all temperatures13; the correction 
was always small.

The voltage of the cell can be expressed as
RT  (Ag+A 
F  m (A g +)

assuming the activity coefficients of silver ion to be 
equal. Since the silver ion in B is not complexed 
and the initial silver concentrations were equal in 
half cells A and B

(Ag+)B =  (Ag+), p  (5)

where the subscript i refers to the initial condition. 
Substitution of (5) into (4) gives

(10) R . E . Connick, “ Chemistry of U ranium /' J. J. Katz and E. 
Rabinowiteh, editors, U . S. Atomic Energy Commission, Technical 
Information Service Extension, Oak Ridge, Tenn., 1958, p. 173.

(11) Armine D . Paul, Thesis, University of California, Berkeley, 
April 1955; unclassified University of California Radiation Laboratory 
Report U CR L-2926, April 1955.

(12) R. E . Connick, L. G . Hepler, Z Z. Hugus, Jr., J. W . Kury, 
W . M . Latimer and M .-S . Tsao, J■ Am. Chem. Soc., 78, 1827 (1956).

(13) H . H . Broene and T . DeVries, ibid., 69, 1644 (1947).
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Fig. 1.— Plot of (A gF )/A g+) values vs. (F _ ) for the ex
periments at 25° in Table I: O, first experiment; □, second 
experiment; A, third experiment. '

T able II
T ypical E xperim ental  D ata  for C omplexing  of A g+ by 

F luoride I o n : Second E xperim ent  at  25° of T able I 
Initial concn. Ionic strength 0.500 M

HClO.i =  0.004862 M  Temp. 25.00 ±  0.01 °
AgClOj =  0.21056 M  Initial volume 90.95 ml.
NaClO, = 0.2846 M  0.5004 M NaF added
Na F 

added, 
ml. E, mv.

NaF added, 
ml. E, mv.

NaF added, 
ml. E,  mv.

2.040 0.08 22.440 1.34 42.840 2.25
4.080 .23 24.480 1.44 44.880 2.31
6.120 .36 26.520 1.52 46.920 2.38
8.160 .49 28.560 1.58 48.960 2.44

10.200 .63 30.600 1.66 51.000 2 .50
12.240 .76 32.640 1.76 53.040 2.58
14.280 .87 34.680 1 .87 55.080 2.65
16.320 1.00 36.720 1.97 57.120 2.72
18.360 1 .12 38.760 2.08 59.160 2.79
20.400 1.23 40.800 2.16 61.200 2.85

(Ag +)a =  (A g+)i Ti
v  e

E E / l i r

The coiiceni ration of silver complexed is then ob
tained

(AgF) =  (SAg+)A -  (A g ')A  (0)
where (2JAg+)A is the total stoichiometric silver 
concentration. The concentrations of H+, F~, 
HP and HI’ , ' were obtained by solving equations 2 
and 3 and allowing for the fluoride complexed by 
silver. A plot of the values of (AgF)/(Ag+) vs. 
(F~) is shown in Fig. 1 for all of the 25° experi
ments. It is seen that the data are fitted well as
suming only the first, complex to he important—a 
reasonable result since only a small fraction of the 
silver was ever complexed.

The equilibrium quotients found at the three 
temperatures are given in Table III along with an 
estimate of the true equilibrium constant at 25°. 
made using the activity coefficient of silver nitrate. 
From the temperature dependence data the values 
of Alim  and A&m for reaction 1 at an ionic strength 
of 0.50 are —2.8 ±  1.0 keal. and —10 ±  4 e.u., 
respectively. The uncertainties were estimated by 
assuming an error of 0.1 mv. in the potential.

T able  III
E quilibrium  Q uotient for the F luoride C omplexing  

of Silver I on
Temp., °C. 15 25 35

Qi (m =  0.50 M ) 0.77 0.68 0.56
K x (M =  0) 2 .4

Leden and Marthen® studied the same reaction 
using silver-silver chloride electrodes at an ionic 
strength of 1.0 and 25°. Correcting their value of 
0.48 to an ionic strength of 0.50 by means of the 
activity coefficient of silver nitrate yields a value 
of 0.75 which is in fair agreement with the present 
value of 0.68.

Stannous Ion. E.M.F. Measurements.— The
initial conditions of 8 of 14 e.m.f. titration experi
ments are shown in Table IV along with the highest 
stoichiometric fluoride concentration. All but one 
of the other experiments were of lower acidity. 
The complete data are given elsewhere.11

T able IV
I nitial C onditions for T in E xperiments

Expt.
HClOi,

M
Sn(C10iK

M
NaClOi,

M
Highest
(SF-) Qia

4 0.1605 0.03947 0.2214 0.14 0.50 18.8
5 .1633 .09541 .0506 .13 .50 13.8
7 .08965 .06849 .2047 .14 .50 8 .8
8 .4225 .01580 .00 .12 .50 2 5 .0
9 .3998 .03359 .00 . 12 . 50 18.2

11 1.6936 .01603 .2584 .16 2.00 10.6
12 1.6723 .1044 .0210 .2-1 2 .00 8 .0
14 1.7085 .003995 .2794 .16 2 .00 11.2

The behavior of the cell can he described by an 
equation analogous to that of the silver experiments

(Sn ++)A = (Sn ++)ii c ~ KF! - K r

In applying this equation it is necessary to correct 
for any hydrolysis of stannous ion. Tobias14 has 
discussed the literature and reported his own re
sults for a 3 M  XaClCh solution at 25°
3Sn+2 +  4H20  =  Sn3(OH)4+2 +  4H +

log Qri =  —0.77 (7) 
2811« +  211,0 =  8 ii2(O II)3+2 +  2H +

log Q’i = —4.4.7 (8) 
S n «  +  HsO = SnOII > +  11+ log Qu =  -3 .0 2  (0)

At 0.1 M  H+ and 0.1 M Sn++ one calculates that 
there would be only 0.2% of the tin hydrolyzed at 
fj. =  3 M. It seems likely that at ¡x =  0.5 M  the 
hydrolysis would still be small.

Because the above data were not available when 
the present work was done, a side experiment was 
performed in which the stannous ion activity was 
measured using the tin amalgam electrode coupled 
with hydrogen reference electrode. The acidity

(14) R. S. Tobias, Acta Chem. Scand., 12, 198 (1958).
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was kept constant while the stannous concentration 
was varied. Two sets of experiments were per
formed, one set at 1 M  HC104 and the other at 0.1 
M  HCIO4 plus 0.9 M  NaC104. In both cases, a 
plot of e.m.f. vs. log (Sn++) revealed a straight 
line with the correct theoretical slope from 0.1 to 
0.001 M  Sn++. Thus, there was no evidence of 
the presence of any polymeric tin species. Com
parison between the experiments gave no indication 
of hydrolysis. Deviations from the straight line 
occurred below 0.001 M  Sn++, but these could be 
explained by oxidation of some of the tin to Sn-
(IV).

An attempt was made to interpret the high acid 
data of Table IV, i.e., expts. 11, 12 and 14, by 
plotting the quantity (complexed stannous ion)/ 
(uncomplexed stannous ion) vs. (H F )/(H +), as
suming the principal reaction to be

Sn++ +  HF =  SnF+ +  H + Ql0 =  (10)

A straight line through the origin of slope Q10 
should be obtained if reaction 10 is the only im
portant equilibrium. The experimental curves 
showed a small, relatively sharp curvature (con
cave upwards) near the origin that might have been 
due to a small amount of Sn(IV) being complexed 
preferentially by fluoride ion. As (H F )/(H +) in
creased the curves were fairly straight but deviated 
upwards, as expected if higher complexes were be
coming important. From the slope at relatively 
low (H F)/(H +), the values of Qm indicated in the 
last column of Table IV were estimated.

At lower acidity somewhat higher and more 
variable values of Qi0 were found. In addition the 
data of experiments 5 and 7, when interpreted as 
above, indicated that more than one stannous 
ion was used per fluoride ion at low fluoride con
centrations, suggesting the existence of polymers 
such asSn2F+3.

It is obvious from Table 4 that Q10 is not con
stant. Several interesting features were noted 
from the variation of Q10 with acidity and stannous 
concentration. For a given p, the highest values 
of Q10 are obtained when the acidity is high and the 
total stannous concentration low (Experiments 8 
and 14). For a given total stannous ion concentra
tion, Qw does not vary much with acidity (Experi
ments 4 and 9, 5 and 12, 8 and 11). At constant 
acidity and varying stannous concentration, 
varies widely (Experiments 4 and 5, 11 and 12, 
8 and 9). This effect was greater at the lower 
acidities.

The cause of these discrepancies is not apparent. 
If one attempts to interpret the data assuming the 
principal reaction to be 2Sn++ +  HF = Sn2F+3 +  
II +, the discrepancies are even worse, since one 
essentially divides the Qm values in Table IV by 
(Sn++). Interpretation assuming the reaction to 
be SnOH+ +  HF =  SnF+ +  H20  likewise proved 
futile. More than one equilibrium should probably 
be considered at the low acidities, but such calcu
lations are extremely difficult. At high acid, how
ever, it seems that no combination of equilibria 
would account for the discrepancies.

The reproducibility of the experiments was shown 
by repeating expts. 4 and 12 under identical condi

tions. Each e.m.f. reading of the repeat experi
ments agreed with the original result to within 
0.05 mv. A third experiment was repeated using 
dilute tin amalgam instead of saturated amalgam 
in the electrode and again the two sets of results 
checked to within 0.05 mv.

Tin or tin amalgam electrodes have been used by 
Vanderzee,15 F'rytz16 and Duke and Courtney17 to 
study the chloride complexing of stannous ion. 
All of these investigators worked at stannous ion 
concentrations less than 0.01 M, and all except 
Prytz worked at acidities of 2 or 3 M. The fact 
that the equilibrium constants of all these workers 
are self-consistent, and the fact that the constants 
are the same order of magnitude as those obtained 
by conductivity,18 light absorption19 and kinetics,20 
seems to indicate that the electrodes were behaving 
properly, at least in solutions whose stannous ion 
concentration was less than 0.01 M.

It was suggested that perhaps the stannic fluoride 
complexes were stable enough to cause a dispro
portionation reaction such as 2Sn++ +  F~ = 
SnF+3 +  Sn to occur. This postulate was tested 
by titrating solutions of Sn++, H+, F~ and CIO4-  
with triiodide solution. The stannous concentra
tions were 0.01 or 0.1 M, and the fluoride concentra
tion in each case varied from 0 to about 0.1 M. 
Within experimental error the amount of triiodide 
required for the titrations was the same as that 
required for a solution with no added fluoride. 
Further, no precipitate of metallic tin was visible 
in any of the solutions.

Spectrophotometric Measurements.—The com
plexing was studied further by measuring the 
(H F )/(H +) concentration by an entirely different 
method. This was done spectrophotometrically 
by studying the competition between uranyl ion 
and stannous ion for fluoride ion. The measure
ments were made with Beckman Model DU 
spectrophotometer at 4750 A. where the percentage 
difference in optical density between uranyl per
chlorate solutions and uranyl perchlorate solutions 
containing sodium fluoride was greatest. There 
was the disadvantage, however, that the extinction 
coefficient of uranyl ion :n this region is so low 
(« =  0.27) that it was necessary to work at rather 
high (0.04 M) uranyl concentrations. This made 
the calculations difficult, since one did not know 
the (H F)/(H +) ratio with any certainty. It was 
not possible to work in the ultraviolet region where 
uranyl ion has a high extinction coefficient because 
of the intense absorption of stannous ion ir_ this 
region.

A series (No. 1) of solutions was prepared with 
SU 02++ =  0.0387 M, (H+) =  0.5 M, and 2F~ =
0-0.2 M. A second series (No. 2) was prepared 
with the same uranyl and fluoride concentrations, 
but with (II+) =  0.09 M. The ionic strength

(15) C. E. Vanderzee and D. E. Rhodes, J. Am. Chem. Soc., 74 , 3552
(1952).

(16) M. Prytz, Z. anorg. allgem. Chem., 172, 147 (1928).
(17) F. R. Duke and W. G. Courtney, Iowa State Coll., J. Szi., 24, 

397 (1950).
(18) S. W . Young, J. Am. Chem. Soc., 23, 20 (1909).
(19) H. Fromherz and H. J . Walls, Z. physih. Chem., A 1 78, 29 

(1936).
(20) F. R. Duke and R. C. Pinkerton, J. Am. Chem. Soc., 73 , 3045 

(1951).
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was ca. 0.65 M  in both cases. From these data an 
equilibrium quotient Qn for the reaction

U 02++ +  HF =  U 02F + +  H + Qn (11)
was calculated. The calculations were performed 
by first assuming a value of Qn from which (HF) /  
(H+) was calculated. Knowing (H F )/(H +) the 
extinction coefficient of (UC>2F+) could be de
termined. This quantity was calculated for various 
values of Qn, and the value of Qu which gave the 
most constant euo2F + was taken to be the true 
value. The value of Qn was found to be 15, which 
agrees reasonably well with the value at 25° and 
M =  0.5 of 25 reported by Day and Powers21 from 
extraction studies with TTA. The value of 
euo2F+ was found to be 1.43. At total fluoride ion 
concentrations greater than 0.01 M, the species 
U 02F2 begins to become important. No calcula
tions were made of equilibria involving this species.

Series 1 and 2 described in the preceding para
graph were again prepared, this time containing 
0.01669 M  Sn++ and 0.06674 M  Sn++, respectively. 
These conditions were such as to resemble very 
closely the conditions for c.m.f. experiments 8 and
7. Titration with triiodide after the optical 
density measurements were made indicated that 
less than 1% of the total tin was oxidized to Sn(IV).

The optical density D of uranyl fluoride solutions 
under conditions where the principal species is 
U 02F+ is given by the equation

D_____
(Z U 02++)(f)

(HF)
(H +)

I 4- O (HF) 
1 +  Q" (H+)

where l is the cell length in cm., e0 the extinction 
coefficient of U 02++, and «i the extinction coeffi
cient of U 02F+. The (HF)/(H+) ratio for uranyl 
solutions containing stannous ion can be calcu-

(21) It. A. Day and R. M. Powers, ibid., 76, 3895 (1954).

lated from this equation. Knowing (H F)/(H +), 
the SnF+ concentration can be calculated from the 
equations

(2 U 0 2++) = (U 02++) +  (U 02F+)
(2 F - )  =  (H F) +  (F - )  +  (U 02F+) +  (SnF+)

Values of Qio were calculated for series 1 and 2. 
In the case of series 1, Qi0 was found to be a con
stant with a value of 24, which agrees exceptionally 
well with the value of 25 obtained in experiment 
8 of the e.m.f. measurements. For series 2, Qw 
was found to vary from 5 to 12, increasing regularly 
with increasing fluoride concentration. This is of 
the same order of magnitude as was found in experi
ment 7 of the e.m.f. measurements, i.e., 8.0.

Although the spectrophotometric method is not 
nearly so accurate as the e.m.f. method, yet it does 
confirm the e.m.f. measurements and indicates that 
the tin amalgam-stannous ion electrode was func
tioning properly. Consequently the cause of the 
variability of Qw remains unknown. Clearly this 
system needs further study.

Due to the variation with stannous concentration, 
it is impossible to quote a precise value for Q10. 
However, from e.m.f. experiments 11 and 14 at high 
acid, it would seem that the best value of Qw at 
fj. =  2.00 is about 11. It should be noted that this 
value does not appear to hold for stannous ion con
centrations greater than 0.01 M . For the reaction 
in terms of F~

Sn + + +  F~ =  SnF+ (12)

Q12 is about 104 at /a = 2.00 and estimated to be 
about 7 X 104 at ji =  0. Those results are in 
qualitative agreement with the polarographic 
work of Schaap, et al. , 4 on the stability of SnF3~, 
if one assumes that the stability of the successive 
fluoride complexes decreases by a factor of 10; 
they reported Q =  8 X 109 for the reaction Sn+2 
+  3F - =  SnF3- a t M = 0.8 M.

THE ELECTRICAL CONDUCTIVITY OF SOLUTIONS OF METALS IN THEIR
MOLTEN HALIDES. II. SODIUM-SODIUM IODIDE, POTASSIUM- 

POTASSIUM IODIDE, AND POTASSIUM-POTASSIUM FLUORIDE1
B y  H. R. B r o n s t e i n  a n d  M. A. B r e d i g

Chemistry Division, Oak Ridge National Laboratory, Oak Ridge, Tennessee 
Received January 30, 1961

The study of the alkali metal-halide systems was extended to N al-N a, K I-K  and K F -K . The results confirm the striking 
difference in the behavior of the sodium and potassium solutions at the particular test temperatures. The equivalent con
ductance of the dissolved metal rises monotonically toward that of the pure metal in the case of potassium, but goes through 
a deep minimum in the case of sodium. In the latter case, electrons are thought to be trapped in the covalent bonds of Na2 
molecules. The enhancing effect of the polarizability of the anion upon the equivalent conductance of the metal in dilute 
solutions, Am“ , is again demonstrated: e.g., at 9 0 0 ° , AM"  in KF-Iv is 800 , but in K I-K  is 8100  ohm“ 1 cm.2 equiv.“ 1. The 
difference in the power of the cations N a+ and K + to polarize the large I -  anion, and thus to lower the potential barrier for 
electron movement, is seen reflected in the difference of A m " ,  1 6 ,000  ohm-1 cm.2 equiv.-1 for N al-N a as against 8 100  for

Introduction
In an attempt to elucidate the nature of solutions 

of metals in their molten halides, a study of the
(1) Work performed for the U. S. Atomic Energy Commission at the 

Oak Ridge National Laboratory operated by the Union Carbide Cor
poration, Oak Ridge, Tennessee.

electrical conductance appeared to have particular 
merits as it was likely to give some direct informa
tion on the state of the electron carried by the metal 
atom into the salt solution. Thus, the first paper2

(2) H. R. Bronstein and M. A. Bredig, J. Am. Chem. Soc., 80, 2077 
(1958).
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dealing with the conductivity in the alkali metal- 
halide systems demonstrated a large contribution 
by the dissolved metal to the electrical conductance, 
proving the presence of mobile electrons. This is 
in distinction from findings in other systems 
(CdClo-Cd,3 BiCh-Bi4 5 and CaCl2-Ca6) where con
ductivity decreased on addition of metal. The 
following is a report on an extension of the earlier 
measurements2 to a number of additional alkali 
metal-halide systems, namely, Nal-Na, K I-K  
and KF-K , intended to illustrate still more clearly 
some of the previous conclusions. The pair of 
iodide systems was chosen to verify the effect, 
discussed earlier,2 of the different polarization 
of a highly polarizable anion such as 1“  by the two 
cations Na+ and K +, differing considerably in size 
and, therefore, in polarizing power. The potassium 
fluoride system was investigated because anion 
polarization by the cation is here at a minimum 
among the alkali halide systems studied, and thus 
a relatively low conductivity of the dissolved 
metal, in dilute solutions, was expected.

Experimental
The apparatus and procedure for the electrical conduct

ance measurements on these solutions has been fully de
scribed in the first paper.2 Since magnesium oxide is inert 
to molten potassium fluoride, a cell fabricated from a single 
crystal was used in the K F -K  solutions. For the other 
solutions, a cell of single crystal aluminum oxide was used as 
in the previous work.

Commencing with approximately 14 mole %  potassium 
in potassium iodide, the resistance of the solutions (cell 
constant 265 cm .-1) rapidly decreased with increasing con
centration of potassium to below 10 ohms. As a check on 
the accuracy of the resistance measurements in this range, 
the resistance of the solutions was measured both by the 
Jones bridge and a modified transformer bridge.6 This 
bridge was designed originally for use with a four terminal 
type conductivity cell, two current carrying electrodes and 
two potential probe electrodes. This arrangement was 
easily modified for use with only two electrodes by simply 
connecting a current-carrying lead and potential-probe lead 
together at each of the two electrodes. The same lead resist
ance correction of 0.15 ohm was thus applicable to both 
types of measurements. By the use of this bridge, it was 
possible to continue the measurements to approximately 42 
mole %  potassium in potassium iodide. In the range of 10 
to 1.0 ohm, the agreement between the Jones bridge and the 
transformer bridge was 0.2%. Below 1.0 ohm, the lack of 
sensitivity of the Jones bridge led to variations of from 0.5 
to 3.0%  between the two; therefore, the transformer 
bridge value was taken as nearer the correct value.

Sodium iodide and potassium iodide were of reagent grade 
and were dried at 180° for several days before use. An
hydrous reagent grade potassium fluoride was loaded directly 
into the apparatus. Each salt was further dehydrated in 
the apparatus by vacuum drying at temperatures up to 50° 
below their melting points until a pressure of approximately 
20 fi of Hg was obtained. At this point, the system was 
pressurized with argon to 45 p.s.i. absolute and the salt 
melted. Samples of salt treated in this manner never 
showed alkalinity from hydrolysis. The conductivity of 
pure sodium iodide agreed with the value obtained by Van 
Artsdalen and Yaffe7 to 0.2% . A plot of the specific con
ductivity of K I vs. temperature differed in curvature from 
that of Yaffe and Van Artsdalen8 with a maximum negative

(3) A. H. W. Aten, Z. physik. Chem., 73, 578 (1910).
(4) A. H. W. Aten, ibid., 66, 641 (1909).
(5) D. D. Cubicciotti, MDDC-1058 (1946-1949).
(6) E. Fairstein, “ An A.C. Bridge for Measuring Low Resistances,“  

in Oak Ridge National Laboratory Instrumentation and Controls 
Division Semiannual Progress Report, ORNL-1997, 9 (July 31, 1955).

(7) E. R. Van Artsdalen and I. S. Yaffe, J. Phys. Chem., 59, 118 
(1955); 60, 1125 (1956).

(8) Yaffe and Van Artadalen’s plot of the apparent heat of activa
tion, AFI*, for conductance V8. (t — im)° shows a rapid rise from 60°

Fig. 1.— Specific ̂ conductance vs. metal concentration for 
¿ solutions of Na"]in Nal. _ ,__ _

Fig. 2.— Specific conductance vs. metal concentration for 
solutions of K in KF and KI.

deviation of 5%  at 780°. The specific conductivity of potas
sium fluoride agreed within 1.0% with the values of Yim and 
Feinleib9 over the temperature range 875 to 945°, but dis-
above the melting point to the melting point of potassium iodide, an 
effect not observed with the other alkali halides. Our data gave a 
slight temperature dependence of the apparent heat of activation for 
conductance quite similar to the other alkali halides.

(9) E. W. Yim and M. Feinleib, J. Electrochem. Soc., 104, 626 
(1957).
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Temp.,
°C.

Mole % 
metal

Soin, 
sp. cond., 

ohm-1 cm .-1

Metal
equiv. cond. 

X IO"«, ohm -i 
cm.2 equiv.-1

Temp.,
°C.

Mole % 
metal

Metal
Soin. equiv. cond. 

sp. cond., X 10~3, ohm' 
ohm-1 cm .-1 cm.2 equiv,-1

Sodium-sodium iodide Potassium-potassium fluoride

704 0.00 2.38 (16.0)“ 902 0.00 3.80 (0.80)“
704 .30 2.85 8.8 901 0.32 3.86 1.13
712 .54 3.10 7.2 892 0.45 3.86 1.03
704 .92 3.31 5.6 908 0.45 3.84 0.45
706 2.09 3.76 3.7 911 0.73 3.98 0.92
696 2.35 3.80 3 .4 900 1.16 4.05 0.97
702 2.15 3.86 3.9 906 1.78 4.40 1.48

909 2.20 4.67 1.47
800 0.00 2.60 (>12 .0 ) 897 2.82 4.99 1.61
801 1.95 4.46 5.3 893 3.17 5.34 1.85
799 3.12 5.13 4.6 916 3.44 5.81 2.12
798 5.47 6.37 3.9 916 5.09 8.64 3.51
803 6.32 6.75 3.7 911 5.16 9.24 3.66
797 6.08 6.59 3.7 905 6.07 12.10 4.80

911 7.04 15.10 5.58
900 0.00 2.92 (>12 .0 ) 912 7.27 18.10 6.77
899 2.01 5.05 6.3 908 8.96 30.60 10.36
894 3.89 6.57 5.6 909 9.10 31.20 10.43
899 7.01 8.75 4.9 910 9.19 34.80 11.67
899 10.93 13.40 5.5 910 11.04 57.50 17.00
897 12.15 14.40 5.4 912 12.68 80.00 21.25

Potassium-potassium iodide
708 0.00 1.33 (8 .2 )“ 801 12.1 33.3 18.4
707 0.29 1.69 8.7 801 14.0 46.9 22.6
708 0.31 1.70 8.3 799 16.8 64.8 26.2
710 0.37 1.75 8.1 798 18.2 78.0 29.2
704 0.46 1.89 8.6 796 22.2 118.0 36.0
710 0.64 2.07 8.0 798 22.9 131.0 38.8
705 1.20 2.80 8.5 801 24.1 139.0 39.0
703 1.75 3.29 7.8 794 25.7 161.0 42.5
699 4.44 7.11 9.2 795 27.9 197.0 47.8
708 4.77 7.40 8.7 800 30.5 251.0 55.6
703 6.15 9.79 9.4 800 32.8 302.0 61.0
706 8.12 14.4 11.0 804 33.0 312.0 63.5
697 8.61 15.0 10.8 802 35.0 350.0 67.2
706 11.6 26.1 14.5 803 36.8 409.0 74.4
695 11.8 27.5 14.9 804 38.4 443.0 76.9
709 13.9 37.6 17.5 799 40.3 566.0 93.4
701 15.6 50.0 20.9 805 42.2 602.0 94.7
708 16.4 58.5 23.3
700 18.5 75.7 26.7 896 0.00 1.64 (8 .1 )“
705 2C.5 94.7 30.3 895 0.21 1.86 7.9
706 22.7 114.0 33.0 899 1.43 3.46 9.5
706 22.8 119.0 34.4 899 2.94 6.20 11.6
705 23.3 120.0 33.7 898 5.19 11.0 13.4
730 24.5 139.0 37.4 896 8.02 19.0 15.9
735 36.9 408.0 72.1 897 9.32 24.1 18.0

897 11,2 31.7 19.6
806 0.00 1.51 (8 .0 )“ 892 12.3 39.6 22.6
799 0.35 1.88 7.9 893 14.2 48.5 24.0
800 0 60 2.20 8.5 901 15.7 62.9 28.3
799 2.51 4.78 9.4 892 16.8 68.3 28.6
803 5.41 10.50 11.8 898 18.2 83.1 32.3
802 6.46 13.60 13.3 894 23.6 137.3 41.0
806 7.84 16.5 13.6 899 26.1 168.8 45.6
801 8.67 19.8 14.9 899 32.6 303.6 65.1
800 10.8 27.2 16.8

“ Extrapolated value;
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agreed considerably (e.g., +  4.5%  at 900°) with those of 
Winterhager and Werner.10 The latter authors employed a 
frequency of 40 K.c.p.s. which undoubtedly produced an 
inductive effect with a resulting increase in apparent resis
tance.

Results and Discussion
Table I contains the results for the following 

solutions: Sodium dissolved in molten sodium 
iodide, potassium in potassium fluoride, and potas
sium in potassium iodide. Maximum concentra
tion limits in the case of the sodium iodide solutions 
were imposed by the solubility of sodium metal in 
the molten iodide.11 In the measurements on the 
K I-K  system, the limitation was imposed by the 
questionable accuracy of the measurement of small 
resistances, at higher metal concentrations. The 
higher vapor pressure of potassium in the less ideal 
system K F -K  prevented measurements above 13 
mole %  K. At this concentration, the conductivity 
of the solution was more than 20 times the con
ductivity of the pure salt. However, the specific 
conductivity of the solutions of K in I\I was fol
lowed to a value as high as 400 times that of the 
pure salt. The equivalent conductance of the dis
solved metal, Am , was calculated according to the 
equation in the same manner as previously.2

A m =  [Asoln. (1  “  %M)AsaIt]/JfM

Figures 1 and 2 are plots of the specific conductance 
vs. concentration expressed in mole %  metal. 
The specific conductivity rises monotonically with 
metal concentration as in the four systems studied 
previously. Figure 3 is a plot of the equivalent 
conductance of the metal vs. concentration. 
Here again is demonstrated the remarkable dif
ference between sodium and potassium at the test 
temperatures: The equivalent conductance of the 
metal rises monotonically in the K F-K  and K I-K  
systems, e.g., at 900° from 800 and 8,100 ohm” 1 
cm.2 equiv."1, respectively, at “ infinite dilution.” 
It was found to drop sharply in the N al-Na system, 
namely from more than 12,000 ohm” 1cm.2 equiv.” 1 
to a minimum of 4,800 ohm” 1cm.2 equiv.” 1 at 7.5 
mole %  Na. At 800 and 700°, the minima oc
curring at slightly lower metal concentrations are 
3,600 and 2,100 ohm ^cm .2 equiv.” 1, as estimated 
by extrapolation of the conductivity vs. metal 
concentration curves beyond the solubility limits. 
The occurrence of similar minima in the NaCl-Na 
and NaBr-Na systems in combination with the 
observed positive deviation from Ilaoult’s law11 was 
interpreted2 in terms of the formation of diatomic 
molecules, Na2. The large drop from 16,000 
to 2,100 ohm” 1cm.2 equiv.” 1 at 700° in the Nal-Na 
system is particularly noteworthy. It shows that 
it is not just the total number of metal particles, 
monomers and dimers, present per metal equivalent 
that determines the equivalent conductance of the 
metal, but that the “ trapping” of the electrons in 
the lower energy state of the covalent bonds of the 
diatomic molecules inhibits their participation in 
the conduction process. As explained previously,2 
the indicated increase in the equivalent conductance

(10) H. Winterhager and L. Werner, F o r s c h u n g s b e r .  W i r t s c h a f t s - u . 

V e r k e h r s m i n i s t e r i u m s  N o r d r h e i n - W e s t f a l e n , 438 (1957).
(11) M. A. Bredig and H. R. Bronstein, J .  P h y s .  C h e m . ,  64, 64 

(1960). and earlier papers in that series.

Fig. 3.— Equivalent conductance of metal, AM, vs. metal 
concentration for Nal-Na, K I-K  and K F -K  systems. 
(K F -K  curve not fully shown to avoid interference with 
K I-K .)

beyond the minima in the sodium systems is in
terpreted as being due to the gradual establishment 
of the metallic conduction band by overlap of the 
orbitals of the diatomic metal molecules in the salt 
melt.

The relatively greater lowering of the equivalent 
conductance to the minimum, in going from the 
chloride to the iodide system, may indicate that the 
association constant is largest in the iodide system. 
This may be due to the more effective shielding of 
the Na+ ions by the larger iodide ions; or, in other 
words, the solvation of sodium atoms by sodium 
ions competes less effectively in going from chloride 
to iodide.

It appears that, as expected, the connection of 
the equivalent conductance with the state of as
sociation of the metal is also reflected in the 
K I-K  system, although to a much lesser degree 
than in the N al-Na solutions. Especially between 
3 and 12 mole %  K (Fig. 3), the temperature co
efficient of the equivalent conductance of the potas
sium metal is much larger in the temperat ure interval 
between 700 and 800°, below and near the eonsolute 
temperature of 717° than between 800 and 900° 
where the metal solution is more nearly ideal, 
or monodispersed. Measurements at the highest 
metal concentrations reached thus far, ca. 40 mole 
%  potassium, indicate that the temperature co
efficient all but vanishes in that region. At still 
higher metal concentrations, the temperature co
efficient is expected to become negative as the con
duction process would more closely resemble that 
of the pure metal.

In the previous paper,2 a strong dependence of
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the equivalent conductance at “ infinite dilution” of 
the alkali metal dissolved in its alkali halide on the 
nature of both the anion and the cation of the salt 
was noted. On this basis, it was expected that 
Am of K  metal dissolved in IvF would reach a value 
lower than any in the alkali metal-halide systems 
(except Cs or Rb in their fluorides) and that Aft of 
K  in KI should have a value higher than that in the 
bromide. Also, Aft for Na in Nal should lie above 
that of the bromide and represent a maximum 
among these systems (except possibly for Lil). 
This has been verified in the present investigation 
(Table II). As proposed earlier,2 the anion effect

T a b l e  I I
E q u iv a l e n t  C on d uctan ce  of M e t a l  in  A l k a l i M e t a l -  

H a l id e  System s  a t  I n f in it e  D il u t io n  (900°)
/-------------------- Am (ohm-1 cm.2 equiv.-1)------------ ----- -

/------------------------ Halide salt of metal-------------------------*
Metal F Cl Br
Na 6000 13,000
K 800 2800 6,500

(820°) (870°)

is believed to be connected with the polarizability 
of the anion: electron transfer between two oxida
tion states of a metallic element is known to be 
greatly facilitated by greater polarizability of the 
anion.'o213 The polarizability of the fluoride ion 
(0.99 A .3) is very low compared with that of the 
chloride, bromide or iodide ion (3.05, 4.17, 6.28 
A .3, respectively). The greater Aft in the sodium 
systems as compared with the potassium systems 
containing the same anion is not fully understood 
at present. Possibly a lowering of the negative 
charge on the anion by a slightly more strongly 
polarizing cation such as Na+ might facilitate 
electron transfer by lowering the potential barrier 
to electron motion, which the anions represent.

Acknowledgment.—Helpful discussions with Pro
fessor William T. Smith, Jr., University of Ten
nessee, Chemistry Department, are gratefully ac
knowledged.

(12) H. Taube and H. Myers, J .  A m .  C h e m .  S o c . ,  76, 2103 (1954).
(13) C. Zener, P h y s .  R e v . ,  82, 403 (1951).

THERMOCHEMICAL STUDIES. V.1 HEATS OF STEPWISE 
NEUTRALIZATION OF ETHYLENEDIAMINE AND 

DIETHYLENETRIAMINE
B y  M a r i o  C i a m p o l i n i  a n d  P i e r o  P a o l e t t i

Istituto di Chimica Generale e Inorganica dell’ Università di Firenze, Florence, Italy 
R e c e i v e d  J a n u a r y  S O , 1 9 6 1

The results of a calorimetric investigation of the stepwise heat of neutralization for ethylenediamine in M  KC1 and for 
diethylenetriamine in 0.1 M  KC1 are presented.

Introduction
In the course of calorimetric investigations on the 

heat of formation of metal complexes with ethyl- 
endiamine (en)2 and diethylenetriamine (den),1 
it was necessary to know the accurate values of the 
stepwise heats of neutralization for these poly
amines. Heats of neutralization of ethylenediamine 
determined both calorimetrically and potentio- 
metrically are reported in the literature,3'4 whereas 
only potentiometric values are known for di
ethylenetriamine.4'6 All these values, however, 
are referred to ionic media different from those 
used by us and often disagree one with the other. 
Hence it seemed worthwhile to determine, by 
direct calorimetric measurement, the heat changes 
for the successive stages of neutralization of these 
two amines in the same ionic medium used for the 
metal systems. A M  KC1 solution for ethylene
diamine and a 0.1 M  solution for diethylenetri
amine were employed.

The results of these investigations are discussed 
below.

(1) Part IV, M Ciampolini, P. Paoletti and L. Sacconi, J .  C h e m . 

S o c . ,  in press.
(2) M. Ciampolini, P. Paoletti and L. Sacconi, ibid., 4 5 5 3  (1960).
(3) T. Davies, S. S. Singer and L. A. K. Staveley, ibid., 2304 (1954).
(4) G. PI. McIntyre, Jr., B. P. Block and W. C. Fernelius, J . A m . 

C h e m . S o c . ,  81, 529 (1959).
(5) II. B. Jonassen, R. B. LeBlanc-, A. W. Meibohm and R. M. 

Rogan, i b i d . ,  72, 2430 (1950).

Experimental
Materials.— Anhydrous ethylenediamine and diethylene

triamine were put twice through a Todd fractionating 
column. The cuts of these two bases used in the experi
ments were analyzed by potentiometric titration against 
hydrochloric acid and found to be 99.9 and 99.6% pure, 
respectively. Approximately M  solutions of these amines 
were made up with carbon dioxide-free potassium chloride 
solutions of the same ionic strength used in the measurements. 
The concentrations of these solutions were determined by 
potentiometric titration against ca. 1.5 A  hydrochloric acid 
which had been standardized gravimetrically as silver chlo
ride. This same hydrochloric acid was used in the measure
ments of the heat of neutralization.

Calorimetric Measurements.— The calorimeter, de
scribed in a previous paper,6 was placed in a thermostatic 
bath at 25.000 ±  0.005°. Its capabilities have been 
tested by measurements of the heat of solution of potas
sium chloride in water, in the molar ratio 1:167 at 25°. 
The mean of eight determinations was 4194 ±  5 cal./mole. 
The values reported in the literature, corrected for this dilu
tion, are: 4184 ±  8,3 4187-7 For each run the bottle was 
filled with a weighed amount of the amine stock solution. 
Hydrochloric acid was placed in the dewar flask and the 
volume made up by adding carbon dioxide-free potassium 
chloride solution of the desired ionic strength. The final 
volumes (Table I) were evaluated from the known weights 
of the reactants and the final density of the calorimetric 
liquid. The heats of dilution of the hydrochloric acid were 
measured by diluting a weighed sample of it in the same 
volume of the ionic medium as with the experiments with

(6) L. Sacconi, P. Paoletti and M. Ciampolini, R i c e r c a  S c i . ,  29, 2412 
(1959); J .  A m .  C h e m .  S o c . ,  82, 3828 (1960).

(7) K. P. Mischenko and Yu. Ya. Kaganovich, J .  A p p i . C h e m . ,

U .  S .  S . R . ,  22, 1078 (1949).
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amines. In every ease the heat of dilution of the amine 
solution by the water contained in trie hydrochloric acid 
solution was found to be negligible.

Results
In order to determine the over-all and stepwise 

heats of neutralization it is necessary to measure 
the heats evolved for different hydrochloric acid- 
amine ratios and to calculate the exact amount of 
the protonated forms of the polyamines before and 
after the reaction. The basicity constants em
ployed were those of Edwards8 in M  KC1 at 25° for 
ethylenediamine and those of Prue and Schwarzen- 
bach9 in 0.1 M  KC1 at 20° for the diethylenetri- 
amine. The latter constants were corrected to 
25° by using approximate AH values. The experi
mental results are shown in Table I. To check the 
reproducibility of these measurements, three inde
pendent sets of six runs were carried out for ethyl
enediamine but not all of these are reported here. 
The heat evolved, corrected for the heat of dilution 
of hydrochloric acid, is reported in the third column. 
Allowance must also be made for the heat effect 
due to the neutralization of hydroxyl ions which 
arise from the basic dissociation of the amine. 
This correction is recorded in the last column. 
The heats of stepwise neutralization were obtained 
by combining the results of runs carried out for 
different hydrochloric acid-amine ratios and solv
ing the set of simultaneous equations
Q Qcott — 5 [(cilafter CLlbefore)A - f f l  -p

(<*2after CX2before) AHi_2 T ...]
where oa, a2, etc., are the degrees of formation of the 
monoainmonium, diammonium, etc., ions and b 
are the moles of amine used in each experiment.

T a b l e  I
C alorimetric D ata  for  the Systems P olyamine +  HC1

Base
Base
(10-5
mole)

HC1
(10-5
mole)

Q
(cal.)

Qcorr
(cal.)

en 3004 3000 367.0 27.2
(V  887 ml.) 2994 3004 368.5 27.0

(M  KC1) 2629 3356 402.0 25.4
2672 3355 401.8 25.4
1473 2984 339.2 18.8
1470 2993 337 7 18.8

den 3030 3038 348.0 17.0
( V 928 ml.) 3034 3037 347.4 16.7

3021 3025 346.2 16.6
1511 3027 352.1 12.0
1510 3038 353.3 12.0
1509 3027 351.2 12.0
975 3037 295 7 9 6
991 3113 299 9 9.7

1004 3102 303.7 9 7

Table II reports the values for the thermody
namic functions AF, AH and AS relative to the 
successive neutralization steps. The relative ac
curacies of the heats of stepwise and over-all neu
tralization are not the same. In fact, for each 
polyamine, measurements were carried out with 
such an excess of hydrochloric acid that practically 
only the fully protonated cation was present. 
Therefore, the accuracy of the over-all heat of

(8) L. J. Edwards, Diss., Univ. Michigan, 1950.
(9) J. Prue and G. Schwarzenbach, Helv. Chim. Acta, 33, 985 (1950).

neutralization is of the same order of magnitude 
as the reproducibility of the calorimetric measure
ments, viz., better than ±0.2% . The heat changes 
for the successive stages of neutralization are. on 
the contrary, less accurate because of their critical 
dependence on the values of the basicity constants.

T a b l e  II
T hermodynamic F unctions for the Successive N eu

tralization  Stages of P olyamines at 25°
— AF  

(keal./ 
mole)

- M I  
(keal./ 
mole)

AS
(e- u.)

en +  H + — > enH + 13.90 12.20 5 .7
e n lí+ +  H+ - -»• enH22+ 10,15 10 60 - 1 . 5
den +  H + -----5► denH + 13 35 11 20 7.2
denH+ +  H+ -— >  denH22 + 12.25 11.95 1.0
denH22 + +  H + ----->  denll33 + 5.80

Discussion

7.20 - 4 . 7

The ionic strength markedly affects the heats of 
neutralization of ethylenediamine, as is found by 
comparing our values in M  KC1 with those of 
Davies, Singer and Staveley in 0.1 M  KC1.3 In 
fact, while the —AHi increases with the ionic 
strength, the opposite is true for the — AiJ2; the 
over-all A //i_ 2 thus being nearly constant. It 
must be noted that the ionization constant values 
for ethylenediammonium ions vs. temperature 
over the 0.0-0.3 ionic strength range investigated 
by Everett and Pinsent,10 confirms such a trend 
for the heats of neutralization.

The heat change for the second neutralization 
stage is lower than for the first stage by ca. 1.6 
kcal./mole. This can be accounted for, at least in 
part, in terms of the electrostatic repulsion of the 
two adjacent positive charges.

In contrast to ethylenediamine, diethylenetri- 
amine may produce two tautomeric structures on 
linking a proton9 
H3+N.CH2.CH2.NH.CH2.CH2.NH2 and 

I
h 2n .c h 2.c h 2.n h 2+ c h 2.c h 2.n h 2

II

If by A (I) and A (II) we denote the amount of the 
isomers (I) and (II) and by /ca( I )  and A:a(II) their 
acid dissociation constants, respectively, then 

A(I)/A(II) = ¿a(II)//ca(I)

Unfortunately, only the sum fca(I) +  fca(II) = 
fca3 has been measured whereas the individual values 
are unknown. Very likely, however, these two con
stants are of the same order of magnitude since the 
dissociation constant of ethylenediamine (a pri
mary diamine, n%2(15°) =  10.2510) is nearly equal 
to that of piperazine (a secondary diamine, pk&2(15°) 
=  9.9511). If such is the case, the two tautomers 
(I) and (II) will be present in comparable amounts.

The heat actually measured for the first neutrali
zation stage is 11.20 kcal./mole, i.e., 0.70 kcal./mole 
lower than nhat of the ethylenediamine in the same 
ionic medium. This may lead one to believe that 
the heat of neutralization of the diethylenetri- 
amine secondary nitrogen is lower than that of the

(10) D. H. Everett and B. R. W. Pinsent, Proc. Roy. Soc. (London), 
A215, 416 (1960).

(11) I. M. Kolthoff, Biochem. Z., 162, 289 (1925).
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primary nitrogen although the unknown influence 
of both the inductive effect of these chains as well 
as of hydration make this conclusion somewhat 
uncertain.

On the contrary only one form of the denH22+ ion 
probably exists. Prue and Schwarzenbach have hy
pothesized that the two protons are being tied to the 
two terminal nitrogens in such a way that the mu
tual electrostatic repulsion between positive charges 
is reduced. The enthalpy data are in agreement 
with this hypothesis. The value of the — AH\-z for 
the denH22+ ion formation is higher than that for the 
enH22+ ion thus indicating that the repulsions in 
the first ion are actually smaller than in the second 
one. The heat change for the second neutralization 
stage is higher than that for the first stage by ca. 
0.75 kcal./mole. This is in accordance with the 
hypothesis of a lower heat of neutralization for the 
secondary nitrogen and of the presence of two 
tautomeric forms in the first stage. In such a case 
the passage of the hydrogen ion from the secondary 
to the primary nitrogen, which takes place in the 
second stage, is accompanied by evolution of heat.

The neutralization of the third amine group of the 
diethylenetriamine is less exothermic than that of 
the first two. This is due to the repulsive action 
of the two adjacent electric charges, and, probably, 
to the fact that we are dealing with a secondary 
nitrogen.

For the first neutralization stage the entropy 
values are positive. This is in agreement with the 
hypothesis presented earlier for the heterocyclic

(12) L. Sacconi, P. Paoletti and M. Ciampolini, J. Am. Chem. Soc., 
82, 3831 (1900).

bases containing nitrogen,12 according to which 
the neutralization of the nitrogen atom is always 
accompanied by the release of a considerable num
ber of water molecules and consequent increase of 
translational entropy. The successive entropies of 
neutralization decrease until they become nega
tive, as it was found for other stepwise reactions 
between polyamines and ions of transition metals.1’2

A decrease of successive neutralization entropy 
changes is expected as a consequence of statistical 
factors, but for ethylenediamine the decrease cal
culated on this basis1013 (R In 4 =  2.8 e.u.) is much 
smaller than that found experimentally (7.2 e. u.). 
For the diethylenetriamine the calculation is not so 
straightforward due to the non-equivalence of the 
various nitrogen atoms, but it is unlikely that the 
statistical effect may be so pronounced to account 
completely for the decrease found. In addition to 
this there are other effects which contribute to the 
successive AS decreases, as for instance the chain 
stiffening due to the repulsion of hydrocarbon 
chain by the ammonium group, the former repre
senting a region of low dielectric constant.10 This 
effect will increase in the di- and tri-ammonium ions 
on account of the repulsion between the positive 
charges.
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(13) E. Q. Adams, ibid., 38, 1503 (1916); J. Bjerrum, “ Metal Arn- 
mine Formation in Aqueous Solution,”  Haase & Son, Copenhagen, 
1957, p. 24.

CRITICAL PHENOMENA IN THIN FILMS USING 
THE BRAGG-WILLIAMS APPROXIMATION

B y  K. N i s h i k a w a , D . P a t t e r s o n  a n d  G. D e l m a s
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The critical properties of thin films of binary regular solutions are treated using the Bragg-Williams approximation. 
The lowering of the critical solution temperature is discussed as a function of film thickness, surface tension of the pure com
ponents and adsorption properties of a supporting solid substrate. The possibility of the existence of more than one critical 
point is considered.

Introduction
Some theoretical and experimental importance 

is attached to the effect of size and of the surface 
on the bulk properties of a system. These may 
be the melting temperature, critical solution point, 
heat capacity, etc. Saraga and Prigogine,1 for 
instance, conclude that a surface layer of molecular 
thickness on a binary regular solution will have a 
critical temperature different from that exhibited 
by the bulk of the solution, and that, under certain 
conditions, an independent phase separation should 
be observable in the surface layer. We have con
sidered the critical properties of films of a binary 
regular solution and the effect on the film thickness

(1) L. Saraga and I. Prigogine, C. R. 2e Réunion soc. chim. Rhys.,
Paris, 458 (1952).

and surface properties, including the role of ad
sorption on a supporting substrate. The results 
obtained are somewhat different from those of 
Saraga and Prigogine except for a particular case. 
The lattice model with the Bragg -Williams ap
proximation has been employed, as originally intro
duced and used in the study of surface properties of 
solutions.2-4

Although fluctuations in the composition will be 
important near the critical point, the treatment 
should be adequate to give its position. After 
presenting the model, we treat the special and

(2) E. A. Guggenheim, "Mixtures,” Oxford University Press, 1952, 
Chapter IX.

(3) I. Prigogine and R. Defay, Trans. Faraday Soc., 46, 199 (1956).
(4) F. Murakami, S. Ono, M. Tamura and M. Kurata, J. Phys. Son 

Japan, 6, 309 (1951).
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relatively simple case when there is no surface 
tension difference between the two pure compo
nents, A and B, and if the film is supported by ad
sorption on a substrate, then the interactions be
tween the substrate and the two molecular species 
are taken to be the same.

A single value of Tc is found and is a function of 
film thickness. Next we discuss the effect on Tc 
of small values of the surface tension difference 
and of the difference in the interaction with the 
supporting substrate. The perturbation method 
used is checked by numerical calculations. Some 
general considerations are made and the possibility 
of the existence of more than one critical tempera
ture is discussed.

The Model.— We consider a thin film of a regular 
mixture of molecular species A and B containing M  
molecular layers with N  molecules and lattice sites 
in each layer. The number concentration of the 
B species in the M  layers is written in the vectorial 
form

X  =  \xh X2, ... 3m) ( l )

The grand partition function of the system at 
activities XA and XB, and temperature T  is given by

a = E  2(X, *B> D  (2)x
where

n
- 3  =  1

m
N x¡1 N ( 1 -  3j)!

(XAqiA) Nd -z i )  (XBq B) Nx‘ e~ W  V{X) (3)

Here the g, are partition functions of molecules 
in the pure components. For 2 ^ j  ^ M  — 1 we 
put as a reasonable approximation

?j =  1
At the surface of the film, however, qx and qM com
prise terms dealing with the surface free energy of 
the film. If, for instance, layer 1 is in contact 
with a supporting substrate, Çi will also entail 
energies (or free energies) of interaction with the 
substrate. Then,3 we have

1 /< ?1B aAy — A E
/  ?B kT

? m a  / 'quB aAy
qA / qB kT

where a is the molecular area and Ay =  y A — y B 
the difference between the surface tensions of the 
pure components, and AE = E A — E B the differ
ence in energies of adsorption of the molecular 
species on the substrate. The exponential term 
in (3) is a partition function for mixing the two 
species and in the Bragg-Williams approximation 
is

M  m

V(X) = lY , *i(l -  *i) +  m E  -  *i) +
3 = 1  3 = 2

*i(l -  *j-i) (5)
where l is the fraction of the nearest neighbors in the 
same lattice layer and m is that in each adjoining 
layer, satisfying the relation

+  2m — 1

w is a measure of the interchange free energy2 in 
mixing the two components, and may contain a 
term due to a change of vibrational frequency of a 
molecule due to a change of neighbors. (Such a 
change will be particularly great for a particle-hole 
system treated as a binary solution.) The condi
tion that the summand in (3) be a maximum gives 
the equilibrium concentration in each layer through

\BqB _

1(1 -  23j) +  2m (2Xj -  x j+i -  x,_,)( (6)

,  , .. H , X j  . w
x = ln x v  =  1,1 +  ki'

where ,t0 and ,rM +  1 are defined by
RT

In qi A?B
2mw qi BqA

kT , qukqB
JM+I = 2 +  2iih7ln ?MV

The critical conditions6 are given by 
s\ = 0, s2x = 0

(7)

(8)

for an infinitesimal displacement of X , or written 
explicitly

kT
l i ' f i X j  -f- ä3j+i 5Vj — 1 =  —  '¿ m —  =  t) (9)

iiji2Xj +  S23j+ 1 +  82Xi_i =  î/j(8.ri)2 (10)
for j  =  1, 2, ... M

with the boundary conditions
Sx0 =  dXi,i+ i =  s2x0 =  8 2m+ 1 =  0

where
1 \l To

m V 4  x f f l

Tc 2x,i -  1
4m Xj2(l -  * i)

2kTz
T C = —

Ü1)

(12)

(13)

(14 )

From (9) and (10), we get
Aim (a) Ui 1

1  u2 1

1 Mm

Aim (m) =  0 
D ì (u, r) = Ui 1 Vi

1 U2 1 V 2

i \
\

MK- 1 VK-
1 VK

VK+

Vu
Dk(u, v) =  0

for k =  1, 2, .M

1 Mm

(15)

(15')

(16)

(160

The conditions may be written in a different form 
as follows (see appendix I for proof)

F m(v.) =  0 (17)
M

E
2x; -  1

3j2(l -  Xj) 2 i f j - d a ) ) 3 =  0 (18)

where we define
(5) B. B. Fisher and W. G. McMillan, J. Chem. Phys., 28, 555 (1960).
(6) I. Prigogine and R. Defay, ‘ Chemical Thermodynamics,”  Long

mans, Green & Co;, New York> N; Y;, 1954, p. 240.
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F k (u ) =  —ukF k- i(u) — F k- i (u)
Fc(u) =  1; *■_,(«) =  0 (19)

Effect of Film Thickness on T c when Ay =
AT? = 0.— In this special case

—  * M + 1  =  V a

and the second critical condition (18), together 
with eq. 6 determines the composition at the 
critical point

\ i 1 n
)2' 2’ -•  2 fX  = (20)

Here all Wj become identical, and putting

u, =  — (l — 7-c) =  —2 cos o (21)

we can easily find the solution of the difference eq. 
19 as

F k (u) = sin (K  +  1)9 
sin d (22)

The critical condition (17) then gives

e =  n =  1, 2, Af (23)

We thus see that formally there are M  solutions 
of the critical temperature associated with the M  
values of n. However, all except the highest criti
cal temperature lie in unstable and metastable 
regions of the phase diagram and hence these 
“ critical temperatures”  are unreal. We shall see 
later however that for large enough values of 
(aAy — A E ) more than one critical temperature is 
possible. In the present case, using n =  1 in (23), 
(21) gives the single value of the reduced critical 
temperature, as defined in (14), to be

=  1 -  4m sin2 (tt/2 (M  +  1)) (24)

We see that for a single layer rc =  1 — 2m as should 
be the case for a 2-dimensional lattice and rises 
fairly rapidly toward 1 for increasing M.

The Perturbation Calculation.—The effect of 
small values of (a A y  — A E ) may be seen through a 
perturbation calculation. (A general treatment 
of the effect of a surface tension difference on T c is 
given in Appendix lib ). The unperturbed expres
sions are given by eq. 20, 22, 23 with n =  1, (24) 
and A0 =  0. The critical conditions corresponding 
to eq. A18 and A19 of the appendix are

M

0 = jÇ1sin,Æ ï * (26)
where the notation £j =  Xj — 1/ 2 is used instead 
of Sxj. Trigoncmetrical analysis gives for (A7)

£ k  =  £ + + £ -  cos +  C sin (27)

where
f  to +  £m+1
?+ 9

¡- _  to — tw+ 1
O

and C is determined by (26) to be
r  -  _ A 6  a t 
L ' 3  I + l St

(28)

»/sir2{M  +  1 ) / 2(M  +  1)
Substituting (27) and (29) into (25), we got

<5to
rc

=  k  ( M — “ L _  _
/ \ 3  (M  +  l ) 2 

^  1-0.16 t+2 -  t -2l
l )  t+2 -  t -2[ 
for M ^ 5

(29)

(30)

Numerical values of T c for the two cases, £+ =  0 
or £_ = 0  are given in Table I for the varying 
values of |£0| and M  with m =  0.25, the value 
appropriate to a closed-packed lattice.

Exact values of the critical temperature also were 
calculated numerically in certain cases using an 
electronic computer, and are shown in brackets for 
comparison. Although the approximation be
comes poor when |£o! increases beyond 0.3 and for 
large M , the following qualitative features are evi
dent: (see also Appendix IIB for a general proof).
(1) The critical temperature decreases with increase 
of the surface tension or adsorption energy differ
ence, although the value of T e for a given film thick
ness is not changed by an order of magnitude. (2) 
The fall of T0 appears to be more important in the 
case of an antisymmetrical distribution of £k(£+ = 
0) which can take place when one surface of the 
system is adsorbed on a solid substrate, rather 
than for a symmetrical distribution of £k for both 
surfaces free, or both in contact with the same type 
of solid substrate.

Discussion
As indicated above, we can expect only one criti

cal temperature for a system when there is no sur
face tension difference between the pure compo
nents and no preferential adsorption on the solid 
surface.

When these conditions do not hold, however, the 
symmetry of the coexistence curve with respect to 
Xj =  1/i is destroyed, and solutions of equation 17 
for a critical temperature other than the largest 
may lie in a stable region and hence be real. It is 
of particular interest to decide whether any critical 
temperature may be associated with the surface 
layers independently of the bulk.

The simultaneous equations 6 are adopted
- Xl___  =  eX +  —  *• -  -  1 1  -  2xi +  2 m (2 xi -  X!) J

1 — 2i r T

— -----  =  gX -  -  [ 1  — 2 xj +  2m(2xj -  xj+i -  x j . , ) ]  (3 1 )
1  X j

__ ~  gX +  xm+ 1  — -  [ l  — 2xm +  2m(2xM — xm_ 1) ]
1  -  I M

Consider a symmetrical case and assume that 
Xn =  .tm+i is much larger than unity. Then, since 
the bracket terms in the argument of the exponen
tial are of order unity, we find that xi and xM are 
almost equal to unity except "when (—A) is large 
enough to cancel the surface term of (4m/r0).r0 
where, however, all other ¡q’s are almost equal to 
zero. Hence we can assume either

(I) Xi =  x M — l
or (32)

(II) xj ^  0 , j  *  1, M
In other words, the concentration of the surface 
layers is practically independent of that of other 
layers, so that we can expect two critical tempera-
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tures, one for the interior, and the other for the 
surface. In fact, in the former case, the coexis
tence curve for x-} is almost the same as that of 
Xj-i for the system of (ill — 2) layers with the 
boundary conditions x0 =  x(M  — 2) +  1 =  1, and 
in the latter, the coexistence curve for Xi is almost 
the same as that of the single layer system. The 
typical coexistence curves and the curves of X as a 
function of x, are shown in Fig. 1 for j  =  1, M  and 
for j  h  1, M. The criterion for the appearance 
of two critical temperatures is found to be

^  1 . M
X a >  2  +  2 ( M ~ 2)

>  1 (33)

by calculating the summand of the grand parti
tion function, with the approximation (32). Since 
in most actual cases the above criterion is satis
fied, we may conclude that under the nearest neigh
bor approximation two critical temperatures, one 
at r c ~  1 and the other at r 0 ^  1 — 2m will in prin
ciple exist, as was pointed out by Saraga and Prigo- 
gine, as long as the system retains the original lat
tice structure in this temperature range.

It should be noted that in Saraga and Prigo- 
gine’s discussion, two critical temperatures for the 
surface and bulk phases exist irrespective of the 
value of the surface tension or adsorption energies 
of the two components, although they may not 
both be observable in practice since at the surface 
critical temperature the bulk will already be sepa
rated into two phases. However, in our case the 
surface critical temperature is obtained for a stable 
solution only when the surface tension or adsorp
tion energy difference is sufficiently large. The 
case of solid solutions of the rare gas atoms may be 
of practical interest. The vapor pressures of solid 
solutions of A -K r7, K r-X es and A -X e9 have been 
measured and the critical solution temperatures 
either observed or inferred.

The surface tension difference will be large enough 
to satisfy the criterion (33), so that two critical 
temperatures could be observable as well as any 
effect of finite film thickness upon the critical 
temperature of the interior of the film. In the 
case of liquid solutions, the freezing point is usually 
above the surface critical temperature so as to mask 
it. Apart from the two solutions of the first criti
cal condition connected with the two surfaces and 
one connected with the bulk, there remain I f  — 3 
possible solutions. In the nearest neighbor ap
proximation, however, these I f  — 3 solutions can
not be real since in the equivalent system of (I f  —
2) layers the boundary conditions x 0 = rt’M+i do 
not satisfy the criterion (33). However, this is no 
longer the case if an adsorbing surface interacts 
with layers of the solution other than the first, 
i.e., if we take into account the long-range char
acter of these forces. In this case, still retaining the 
model of a regular solution, equation 6 becomes 
for 1 <  j  <  M

(7) J. F. W alling and G. D. Halsey, J. Phys. d iem ., 62, 752 (1958); 
R. Heastie, Ptoc. Phys. Soc., 73, 490 (1959).

(8) M . P. Freeman and G. D. Halsey, J. Phys. Chem., 60, 119
(1956).

(9) R. Heastie and C. Lefebvre, J. Phys. Soc., 76, 180 (1960).

Fig. 1.— (a) (top) Coexistence curves for interior and 
surface layers, (b) (bottom) The absolute activity as a 
function of composition for interior and surface layers, 
showing the two “ Bragg-Williams loops”  which appear for 
a temperature below the “ bulk”  and “ surface”  critical 
temperatures.

A =  +  In , X i - +  2
t  1 — Xj r

[(1  -  2.Cj] +  2m (2 .r , -  :iyT 1 ~  Xj _  l)]

j  =  1,
\ . i #1  , 2
*  =  -  +  In V — -  +  '

T  1 — Xj T

£ (1  — 2xi) — 2 m  ^ 2 x ,  — .r,. -

3 =  M , .

A =  Xm +  In - +  2 
t  1 — Xm t

) ]  i:M )

|̂ (1 -  2xM) +  2m ^2.cM -  xM- i  “

If |Aj | is sufficiently larger than unity, then the 
jth  layer will behave almost independently of other 
layers for the same reason as above, and there will 
be a reduced critical temperature corresponding to 
the jth  layer, which will again be of order (1 — 2 m). 
On the other hand, if |Xj| is smaller than unity, 
there will not be any critical temperature associ
ated with this particular layer. However, it can be 
shown that in the limit of low temperatures (r 
Xj), a distinct phase separation becomes observable 
for each layer. Using the cube law10 for the fall- 
off of the surface potential, it is reasonable to sup
pose that |Xj| will have the form of

M , M  ._______ [Xyl_____
f  (m  +  i -  j y

(35)

so that if |Xi| and |XM| are of order 5 or 10, only a
(10) T. L. Hill, J. Chem. Phys., 17, 590 (1949).
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few layers will have their own critical temperatures.
At this point, we apply our discussion to the 

adsorption isotherm of gases on a solid substrate 
by considering a particle-hole system. The phase 
separation associated with a single layer corre
sponds to the Langmuir adsorption, and the “ col
lective” phase separation to the B.E.T. adsorption. 
Since in this case ¡Ai| will be of order ten, (35) 
indicates that about two surface layers may show 
the phase separation associated with single layer. 
However, as the temperature decreases, more 
single layer phase separations appear and the ad
sorption isotherm will become step-wise similar to 
that discussed by Halsey11 and Hill.12

Finally we add that our model may also be ap
plicable to the Lennard-Jones-Devonshire model 
of melting and to the lattice model of the liquid 
He(t) -He(II) phase transition. In either case, a 
lowering of the phase-transition temperature ap
pears to be predicted by the present theory.
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Appendix I
Treatment of the Critical Conditions.—By ex

pansion of (16), we get
K

D k (u, v) =  53 ( — l ) #+KA1j_i(it)AK+lM(w)Wj +
; = i

M
53 ( — l ) ’ +KAiK-l(M)iAj+iM(M)rj (Al)

j  = K + 1

where we define
Ajj-j (u) =  1, Ajj_ 2(W) =  0 (A2)

Noting that (Al) is valid for any u and v and con
sidering (15) as a special case of (16), we have

Aim(v) =  A,k ..i(m) IhAk+imO  — Ak+2m(«)1 (A3)
or, using the identities
Ajlv(w) =  !(K A jK_1 («) — AjK-_»(tt) =

WiAj-i.,k(m.) -  Aj+sK-fu) (Al) 
for j  +  2 ^ K

we may write
A im (u ) =  Aik_ i (w)A km (m) — A ,k_ 2(m)A ik+ i (m) (A 5)

Now wc apply the critical condition (15') to (A5) 
and get
Aik_ i (m) A ,k -~{v) .. — A|M-i(m) i
Ak+im(w) A rm (k ) a2M(»)
Using (AO) in (A l) we have
A|<(ii, v) = A- m(«)(— 1)*-_1A ik_ i (m)

{

' M
53 » j ( - i ) i_

j =i
1A,i_i(?i)|-

or from the second critical condition (16') 
M

53 Wj(—l)J_1Aij_i(a) = 0
3 =  1

(AO)

(A7)

(A8)

(11) G. D. Jlalscy, ./. Chem. Phys., 16, 931 (1948).
(12) T. L. Hill, ibid., 16, 7G7 (1947).

Now from eqs. 9 and A7 
Sx-, _  D,(u 1) _ 
Sxi Di(u 1) ( - lp ^ A ü -R w ) (AO)

and substituting (A9) into v\ in (A8) we get
M

£
2xj_i

X j2( l  -  Jj) 2
[ (— 1)7—1 A, j_i (xt)]3 =  0 (AIO)

The critical conditions may be presented in a 
somewhat more useful way l)3r introducing the 
function Fk(u) as defined in (19). From (19) and 
(A4) wc can show easily that

F k(u) =  ( — 1)A A,k (m) 
for - 1  ^ K  ^ M  (A ll)

so that the critical conditions may be written as in 
(17) and (18).

Appendix II
A General Consideration of the Critical Tempera

ture.— (A). The value of Tc as a function of film 
thickness. From the definitions (19) and (12) we 
find that

[FK(w) -  Fk- i(«)1 -  [Fk- i(u) -  Fk_2(«)1 
=  ( —2 — Uk)F k- i(m)

=  m  U  -  x k )  _  0

where

1 2 kT (A13)m w

2 kT
w (A14)

Since F0(u) — Fi(u) >  0 and Fn(u) >  0, (A13) 
shows that FK(u) is always positive for r ^ 1. 
Thus the first critical condition (17) requires that 
rc <  1.

As t decreases from unity, Fm (w) will also de
crease and at r =  rc, Fm (m) becomes zero. It may 
be shown generally that at the highest critical tem
perature (which is the real bulk critical temperature, 
as discussed in the main text) all F^(u) for —1 <  
k <  M  become positive, from which we may con
clude the following: (1) At the highest critical
temperature if there are any .tj’s for (1 ^ j  M  
which are larger than one-half, there arc others 
which are smaller, and vice versa. (2) The highest 
critical temperature will decrease as film thickness 
decreases, provided that other conditions are un
changed.

(B) The value of Z’c as a function of surface ten
sion difference or difference of adsorption potential.

Let
I 7"c, Ac, J i, X'2, ...., 1 (A 15)

be the solution corresponding to the highest criti
cal temperature under the given boundary condi
tions x0 and Xm+\ and with xa >  */2. Changing the 
boundary conditions by infinitesimal amounts 
Sxo and 5.xm+i, but with Xo/xm+i constant, gives a 
corresponding change of (A15) denoted by

¡Sr,., 6Ac, Sx-,, .... , Sim ) (A16)

These (M  +  2) variables are determined by M  
equilibrium conditions (A17), and the two critical 
conditions (A18) and (A19)
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CX0Wj =  UjSXj 4 - SXj+1 +  

3 = 1, 2, ... M
M

(A 17)

0 =  SFm(u) =  E  SXj +  ^  ¿7
f r  ! ( ôa;i hrc

_  v Ì  ò F m ( m )  1 , 1
~ “  4 - .  “ 5 J T  P  0 +  4m.r,n -3 = 1

òr.4mx}(l — Xj)

TM
=  E

[Fj_,(«)]*

o =  * E
M 2x  j -  1

~ ' 1 *j2(l -  *i):

Vj'^° +  5rc[ 
(A18)

[/'Vi(m))3Ì (AHI)

where Wj and r /  are defined by 
Tc s\

Wi =  - 4 nt -  -  / -  jxc -  In ^  (S20)
To 4m I 1 —  Xj ) S x 0

Te 2Xj 1 Ssr,
4?n Xj2( l  — Xj) 2 Sx0 (A21)

and in deriving the last expression of (A18) use was 
made of the relation
ÒFM (u) _  ■ & A i m (m )  _

ÒMj ' ’  ÒMj
-( - l )> - 'A ,j_ i ( M )( - l ) " -r A j+,M(M)

[Fj - i ( « ) l2
F u-i(u)

We first note that the solution of (A17)
Sx k  _  F>k (u , m)
Sx o A im (u)

Ulj =  Wj 5j,l +  Sj,M &tM+ 1~1
Sxo J

(A22)

(A23)

(A24)

diverges except for a special value of 5A0 due to the 
first critical condition Aim(«) =  0. This diver
gence, however, has no meaning since in such a 
case the higher order terms neglected in (A 17) may 
play an important role. Further the divergence 
gives no contribution to FM(v) due to the second 
critical condition (18). However, there is a diver
gence difficulty in (A19), because there is no “ third” 
critical condition to cancel divergent terms there. 
Hence, (A19) requires (23) to be finite. This deter
mines <5Xc/feo except for the order of FM(u) which is 
sufficient for the proposed object.

Using eq. A5. we find

( _ t ) * —*Akmm (u) =  [1 +  *k] (A25)

where

eK
M

=  FM(u) FM- i(w) E
} = K+ 1

____1 ____
Fj_i(u)l'Y Hw)

(A26)

Substituting (A25) into the expansion of (A23), (see
(AD)

Sxk
Sxo

F k- i(u)
F m- i ( « ) F m (u )

T. Fj. i_(u) [(1 +  €k)W] +
3 =  1

M }
y  F j - i f w )  (1 +  e j )® j>  

j  =  / f + l  1

É F j - i ( » . )  (1  +  ej)Wj +=  _  Fk-j(u)_
F.m... (u)FM(ii )  \f^j

E  F j - i ( u )  (eie -  ( A 2 7 )

The requirement that (A27) be finite gives
M

E  FH ( « ) i i  =  o \FM(/<)l
3 =  1

or, substituting (A24)
m  m  r  _.

~  2  r̂u)A.  +  A  £  F , . , w  [ x .  -  i „  a l J

Stc +  j l  +  F„_,(w) ^ + '[  =  0 jFiM(«)I (A28)

4 m
3 =  1

sxo • r  1 i

Before substituting intc (A18), we note that the 
first term of this expression can be written as

( M M , * - + ( § ) * (& ) .• *
(A29)

-Vj'Sxo =  (  ;

of which the contribution of the second term to 
Fm (u) is very small due to condition (18). We may 
therefore write

M
SF m («)

3 =  1

5Fm (u) ( / òk A /dxA
ÒUj |\ÒXjJTe\^XoJ^ Sxo T

/¿>mA
\ÒtcJ x j S t .. (  ( A 3 0 )

Now, making use of (A27) and (A28) in (A30), we 
finally obtain

0  = E  [Fk- i (m) ] 1—¡ g - -  I p k Sxo +  MKir.]

; A 3 i )

where
l M

v i 3yy
PK 4m Fk = i L ■l-.(«)Fi(u) 1 = 1

fin X\— — 111L 1 — x\ 1 
xk(1 — xn) 1 

UK ~  Tc(2lK  -  1) F k - , ( u )
M

(A32)

(A33)

—  = E  ln r E 1—  Fj_ 1 (?/) / E  F ,_ ,(«) (A34)
a ¡ = i 1 æ‘ /  1 = 1

m -

Noting (18), and taking a reasonable dependence of 
xk on K, we can show' that both coefficients of too 
and 8tc in (A31) are positive definite, from which 
we may finally conclude that

( » - ) ) £ : < »
for Xo/xm+ i constant, or that the critical tempera
ture is lowered by an increase in the surface ten
sion and/or adsorption energy difference.
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The photochemistry of evacuated potassium iodide solutions at 2537 A. was investigated. The dependence of the initia 
quantum yields on pH, iodide ion concentration and light intensity was investigated. The nature of the residual pH inde
pendent yield at pH >3 is discussed. The pH dependence of the initial quantum yields could be represented by a linear 
dependence on the square root of H T ion concentration. It is shown that this is in agreement with a mechanism based on the 
theory of diffusion controlled scavenging. The H + ion acts as an electron scavenger for a species (electrons or H atoms) 
formed in the photochemical cage and yield H atoms in the bulk of the solution. The reactivity of H atoms photochemically 
produced in solution was investigated, and evidence for a pH dependent oxidation mechanism of I -  by H atoms is presented, 
which may involve the H2 +aq ion as the actual oxidizing agent.

Introduction
In the ultraviolet region aqueous solutions of 

iodide show an intense absorption1 e2262 =  1.32 
X 104 at 25°, characterized by a high oscillator 
strength /  =  0.25. This band has been classified 
as a charge transfer spectrum.2'3 For the alkali 
halides in aqueous solutions the absorption band 
is typical of the anion and no spectroscopic evi
dence for ion pair formation has been found.4 
The nature of the excited state has been a matter 
of controversy.4'6a'5b

As has been well known for a long time6 aerated 
aqueous iodide solutions liberate free iodine on 
illumination. More recently the same was shown 
to occur in deaerated solution.7'8 The photo
chemical wave length threshold was shown to 
coincide with the absorption band onset.7 Farkas 
and Farkas9 showed that the quantum yield was 
pH dependent, a conclusion supported by Franck 
and Platzman,10 who suggest a competition between 
the decay of the excited state and its interaction 
with H30+  ion as the reason for the pH dependence. 
On the other hand Rigg and Weiss8 conclude that 
the pH dependence arises out of the competition 
in bulk between the back reaction of H +  I and 
H2+ formation by the reaction between H +  H+. 
The two theories thus differ in their interpretation 
of radical formation and the relatively low 
quantum yield.

Recently the system has been investigated in 
the whole pH region in the presence of N20 ,u and 
by flash photolysis technique,1213 where the 
existence of the I2~ ion as intermediate was demon
strated.

The purpose of the present work was to investi
gate the mechanism of primary radical formation

(1) J. Franck and G. Scheibe, Z. physik. Chem., A139, 22 (1928).
(2) E. Rabinowitch, Rev. Mod. Phys., 14, 118 (1942).
(3) L. E. Orgel, Quart. Rev., 8, 422 (1954).
(4) G. Stein and A. Treinin, Trans. Faraday Soc., 55, 1086, 1091 

(1959).
(5) (a) R. L. Platzman and J. Franck, Z. Physik, 138, 411 (1954); 

(b) M. Smith and M. C. R. Symons, Disc. Faraday Soc., 24, 206
(1957).

(6) W. H. Ross, J. Am. Chem. Soc., 28, 788 (1906).
(7) K. Butkow, Z. Physik, 62, 71 (1930).
(8) T. Rigg and J. Weiss, J. Chem. Soc., 4198 (1952).
(9) A. Farkas and L. Farkas, Trans. Faraday Soc., 34, 1120 (1938).
(10) R. L. Platzman and J. Franck, “ Farkas Memorial Volume,”  

Jerusalem, 1952, p. 21.
(11) F. S. Dainton and S. A. Sills, Nature, 186, 879 (1960).
(12) L. I. Grossweiner and M. S. Matheson, J. Phys. Chem., 61, 1098 

(1957).
(13) F. IT. C. Edgecombe and R. G. W. Norrish, Proc. Roy. Soc. 

(London), A253, 154 (1959).

in this system, and the possible specific role of the 
H30 + ion in this process. Another aspect of this 
work is the investigation of the chemistry of 
radicals photochemically produced. It was postu
lated by Weiss14 that H atoms in aqueous solutions 
may act as an oxidizing agent through the inter
mediate formation of H2+. The occurrence of such 
oxidation reactions is now well established. Using 
H atoms externally generated it was shown15 
that in the case of the I -  ion the results are con
sistent with the view that the actual oxidant is 
the H2+ ion. Further independent investigation 
of this problem appeared desirable in the case of 
the photochemistry of I ~.

Experimental
Light Source.— The light source was a low pressure mer

cury lamp operated at 1000 v. drawn from a step up trans
former fed from stabilized mains. The current through the 
lamp (30-150 ma.) was varied by means of a Variac in the 
primary circuit of the lamp transformer. The output of the 
iamp was monitored by an I.P . 21 photomultiplier tube con
nected to a Photovolt instrument. About 90% of the light 
output is at 2537 A .

The radiation was filtered through a 5 cm. quartz cell 
containing KI I2 aqueous solution permitting the isolation 
ot the strong Hg 2537 A. line.

Actinometry was carried out by means of the uranyl oxa
late actinometer.16 The chemical change was linear in light 
intensity as determined by the monitoring photocell. As a 
check a ferri oxalate actinometer17 was used. In a typical 
experiment we obtained for the light intensity, J

/(uranyl oxalate) J =  6.35 X 10~7 einstein l . -1 sec.“ 1
/(ferri oxalate) J  =  6.20 X 10~7 einstein l._1 sec.-1

Agreement between the results was satisfactory.
Reaction Cell.—The reaction cell was adapted from a 4 

cm. quartz absorption cell with flat optical windows of 3 
cm. optical length for light absorption at 2537 A. and 4 cm. 
optical length for spectrophotometry. It was connected to 
a vacuum system through a valve. The cell orientation re- 
ative to the light source was held fixed during all experi
ments. In this cell 13 cc. of solution was used for each 
irradiation. Another cell was employed for gasometric 
analysis, consisting of quartz cylindrical cell with flat optical 
windows as basis, and 5 cm. optical length holding 60 cc. of 
solution.

Analysis.—Hydrogen was determined by a microgaso- 
metric method. The pressure was determined by a McLeod 
gauge.

Iodine was determined by its absorption as I3_ . The 
spectrophotometric light source was an ordinary 6V 3A 
tungsten hot wire bulb, with a cut off filter above 400 m^. 
An empirical calibration was carried out by introducing a 14 15 16 17

(14) J. Weiss, Nature, 165, 728 (1950).
(15) G. Czapski, J. Jortner and G. Stein, J. Phys. Chem., 63, 1769 

(1959).
(16) E. J. Bowen, “ The Chemical Aspects of Light,”  Oxford Uni

versity Press, New York, N. Y., 1946.
(17) C. A. Parker, Proc. Roy. Soc. (London), A220, 104 (1953).



July, 1961 Photochemistry op Iodide Ion in Aqueous Solution 1233

known amount of I2 in aqueous iodide solutions, into the 
reaction cell, and measuring optical densities by means of 
the IP 21 photomultiplier and the Photovolt instrument. 
It was found that the optical density was independent of 
iodide ion concentration above 10-2 M  and a linear depend
ence of D  on the iodine concentration up to 1,2 X 10 -6 
mole liter-1 was found with an apparent molar absorption 
coefficiente =  9 X  103 mole-1 liter cm .-1 (compared to €350 =  
26500 mole-1 liter cm .-1). At lower I -  concentrations a 
similar procedure was employed. The lower limit of iodine 
detected is about 2 X  10-7 mole liter-1 and the upper limit 
was 2.3 X 10-5 mole liter.-1. This technique enabled an 
accurate determination of initial reaction yields.

Materials.— All chemicals used were of Analar grade. 
Solutions were prepared in triply distilled water (ordinary 
distillation followed by distillation from alkaline perman
ganate and phosphoric acid). Control experiments were 
carried out using water purified by irradiation with 200 kv. 
X-rays and decomposition of the H20 2 thus formed by irra
diation with the 2537 A. line of a low pressure Hg lamp. 
These experiments yielded the same results as obtained in 
triply distilled water.

Procedure.— A known amount of freshly' prepared neutral 
potassium iodide solution or solid KI was introduced into 
the reaction vessel and the acid or buffer were added from a 
separate container, after evacuation, to avoid thermal oxida
tion. No thermal oxidation could be detected. Erratic 
results were obtained in solutions containing initial iodine 
concentration higher than 5 X  10 -e M  causing a decrease of 
the initial yield. This effect was most important at high 
pH and low I -  concentration. The pH below 3.5 was ad
justed by H2S04 and above pH 3.5 by KH2P04-N n2HP0 4 
buffer (lO -3 M ). The pH was determined at the end of 
each run.

The contents of the reaction cell were stirred continuously 
by a Teflon coated magnetic stirrer. For experiments on 
deaerated solutions the reaction cell was connected to the 
vacuum system for 20 seconds every five minutes until, 
after approximately 3.5 hours, its equilibrium vapor pres
sure was 1-2 X  10-5 mm. The small reaction cell was kept 
in a thermost.ated brass compartment in which water was 
circulated. Experiments were carried out at 25 ±  0.2°.

At suitable intervals after the beginning of irradiation a 
mechanical shutter separating the cell and the lamp was 
closed and the amount of free iodine determined. Hydrogen 
was determined at the end of each run in the large irradia
tion vessel. These iodine and hydrogen determinations 
were in satisfactory agreement of about 10%.

Results and Discussion
Dependence of Initial Yields on pH and Light 

Intensity.—An initial quantum yield 7 ; was ob
tained fioin the expression

where J is the light intensity. The dependence of 
7i in evacuated solutions on pi I, iodide ion con
centration and light intensity was investigated.

Figure 1 presents the dependence of the yield of 
T at constant light intensity on irradiation time. 
The initial slopes could be determined and hence 
7i was approximately evaluated.

The /ill dependence of 7; is shown in Fig. 2. 
Above pH 3.5 a residual pH independent quantum 
yield is observed. This is consistent with recent 
observations.13 The pronounced dependence of 
7 i in acid solutions is in qualitative agreement with 
previous investigations.8

The initial quantum yield is independent of light 
intensity. This observation was confirmed with 
reasonable accuracy for a low pH region (pH 0.8). 
These data are presented in Fig. 3, and are con
sistent with other recent results.11

The Nature of the Absorption Act and Primary 
Products.—There is good agreement between the

t, sec.
Fig. 1.— Photo-oxidation yields of iodide solutions at 

constant light intensity, I -  =  0.15 M, J  — 9.7 X 10-1 
einstein liter-1 sec.-1: Curve 1, 0.74 M  H2S04; 2, pH
0.65; 3, pH 0.90; 4, pH 1.10; 5, pH 1.36; 6, pH 1.78; 
7, pH 2.2; 8, pH 2.6.

0 1 2 3 4 5 6 7
pH.

Fig. 2.— The pH dependence of the initial quantum yields.

experimental spectroscopic results and their recent 
theoretical interpretations regarding the nature of 
the primary absorption act. Both the theory of 
Smith and Symons1819 and that of Stein and 
Treinin4'20 agree in that they postulate as did 
Platzman and Franck5 a symmetrical excited state 
in which the electron is not bound to a single sol
vent molecule9 but rather is bound in the field 
formed by the oriented water molecules of the sol
vent medium. In spite of detailed differences, 
concerning the structure of the excited level, both 
groups recently have concluded19'20 that in the 
excited state the electron probably is confined to 
the first hydration layer of water molecules.

The restrictions imposed by the Franck-Condon 
principle on the optical electron transfer process 
have to be considered. The life time of the spheri
cally symmetrical excited state of the iodide ion,6 
is of the order of the relaxation time of the solvent 
molecules. After a period of 10-10 to 10~u sec. 
an iodine atom and an electron are formed. There 
is no experimentally observed fluorescence in 
aqueous iodide solutions. The life time of an

(18) M. Smith and M. C, It. Symons, Trans. Faraday Soc., 54, 338
(1958).

(19) T. R. Griffiths and M. O. R. Symons, ibid., 56, 1125 (1960).
(20) G. Stein and A. Treinin, ibid., 56, 1393 (1960).
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excited state required before fluorescent radiative 
transition to the ground state occurs is of the order 
of 10~8 sec. or longer. Therefore in systems like 
that of aqueous iodide after 10-u  to 10~10 sec. 
the process of thermal degradation of the excited 
state may lead to an intermediate state, in which 
the electron is less confined, and may undergo a 
quasi random walk process in the vicinity of the 
iodine atom over the water molecules. A dissocia
tive electron capture of this electron by a water 
molecule may result in the formation of an H 
atom by a pH independent mechanism. This 
may occur by localization of the electronic charge 
on a prestretched H-OH bond. The kinetic 
scheme will be presented in the form

hv
l~ aq— > I - aQ* — > ( I  +  e)i— > ( I  +  H)n (1)

where ( ) represents the solvent cage. The radical 
pairs in I or in II may undergo primary recombina
tion, which is kinetically equivalent to a thermal 
deactivation of the excited state. The radical 
pairs which escape primary recombination may 
undergo diffusive secondary recombination with 
their original partners.21 The radicals escaping 
recombination diffuse into the bulk. The residual 
pH independent yield observed in evacuated 
solutions above pH 3.5 indicates the operation of 
this mechanism. This model for the “ residual 
yield'’ is actually a modification of the original

(21) J. C. Roy, W. H. Hamill and R. R. Williams, J. Am. Chem. Soc., 
77, 2953 (1955).

(22) J. Franck and F. Haber, Siteungsber. Preuss. A had. IFis«., 250 
(1931).

Franck-Haber mechanism,22 taking into account 
the Franck-Condon principle.

The Residual Yield.— Independent evidence 
derived from the investigation of the chemistry of 
hydrogen atoms in iodide solutions16 indicates 
that at pH above 3 no oxidation reaction of I -  ion 
by H atoms occurs. Thus in this pH region the 
possible reactions of the radicals in bulk will be 
hydrogen atom recombination

2 H — H2 (2)
and iodine formation by the mechanism proposed 
by Grossweiner and Matheson12

I +  I - ^ ± I " .  (3)
21 “ j — >  Ha +  I “  (4)

I “ ! +  I ---- >  1-3 (5)
21 — -> I2 (6)

These back reactions are possible
H +  I — > H + + I -  (7)

H +  I - , — >  H + +  21“  (8 )

As these experiments were carried out at rela
tively high [I- ] concentration, it is reasonable to 
assume that every iodine atom introduced into 
the bulk is converted into the I~2 ion. This as
sumption is consistent with the results of Gross
weiner and Matheson.12 Including reactions 2,3,4 
and 8 in the kinetic scheme the steady-state treat
ment for the intermediates I, I _2 and H readily 
leads to

( d [ h } \  k ,a J  m
V at ) 0 2kt +  u k t/ h y /» ;

where a is the quantum yield for the introduction 
of radicals into the bulk.

The relation between the experimental residual 
yield 7 ir and a will be considered for two limiting 
cases

(a) k2 = k t =  ks Tir =  | «

(b) k3 =■ kt »  ks 7ir =  2 “

As both reactions 2 and 4 are diffusion controlled23 24 
these are the relevant cases. Thus a is of the order 
of 27ir — 37ir-

In Fig. 4 the photochemical curves at various
I -  concentrations at pH 5.5 are presented. From 
the initial slopes the residual yield is obtained 
7ir =  0.03 ±  0.005. The initial residual yield is 
independent of I -  concentration.

Graphical Evaluation of Initial Yields.— In the 
photochemical system the iodine yield versus time 
curves (Fig. 1) are departing from linearity indicat
ing an efficient back reaction. This effect causes a 
considerable inaccuracy in the estimation of the 
initial quantum yields. This difficulty is mainly 
manifested at high pH and low I~ concentrations.

The initial yields were calculated on the basis 
of the assumption, to be discussed later, that at 
relatively low pH below 2.0 hydrogen atoms in 
the bulk act as oxidizing agents for I -  ions; or 
alternatively may reduce I2. Disregarding for the 
moment the actual oxidation and reduction mech-

(23) N. Davidson, J. Chem. Phys., 19, 1311 (1951).
(24) H. L. Friedman and A. H. Zeltman, ibid., 28, 1113 (1958).
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anisms the rate of formation of I2 can be repre
sented by
d [ I 2] _ a J  /  k o A l - ]  -  f c r [ L ] \  a J k oA I “ ]

d t 2  v  +  f c o « [ I - ]  +  k A h ] J  k „ A l - }  +  kt [h]
(II)

where kox and kT are the composite rate constants 
for oxidation of 1“  and reduction of I2 by H atoms. 
In the pH region below 2 it is assumed that the 
rate of introduction of radicals into the bulk is 
equal to the initial photo-oxidation yield.

Integration of equation II for the initial stages 
of the reaction experimentally investigated when 
1“  can be considered as effectively constant, leads 
to the result

t

Us]
l

+
1 h

a J  1 2 a J  Z.0X[I-] (III)

The plots of i /[I2] versus [I2] are presented in Fig. 5 
and 6 for various H+ and I -  concentrations. The 
plots are linear up to [I2] =  2 X 10 ~6 M, in good 
agreement with equation III.

From the intercepts in Fig. 5 and 6 the initial 
photo-oxidation yields are obtained. The initial 
quantum yields at various pH obtained by this 
method are presented in Table I. These results 
are compared with the initial yields obtained di
rectly from the initial slopes of the curves in Fig. 1. 
The results thus obtained by the extrapolation 
method are about 5-20% higher, although they 
show the same general pH dependence as the initial 
yields directly obtained. These results clearly 
indicate that in the low pH region the initial 
quantum yield is pH dependent.

T a b l e  I
I n it ia l  Q u a n tu m  Y ield s  fo r  P hoto- o x id a t io n  of 

E vacu ated  0.15 M  KI So lu tio ns
•yi yi

pH From Fig. 1 From intercepts
0.65 0.226 0.240
0. 9 .200 .212
1.1 .167 .187
1.36 . 139 .163
1.78 .105 .138

The pH Dependence of 7;.—The pH dependence 
of the initial quantum yield in the region below 
pH 3.5 may be due to either of the causes: (a) 
Interaction of the H + ion with the excited state of 
the iodide or with one of the species participating 
in the secondary recombination in the photo
chemical cage. These possible mechanisms will 
lead to a pH dependent rate of introduction of 
radicals into the bulk, (b) It was proposed by 
Rigg and Weiss8 that a scavenging reaction of FI 
atoms occurs

H + H+ H ,1
followed by

HH +  I - — > H2 +  I (10)
These reactions are assumed to compete with the 
back reactions 7 and 8.

In this mechanism8 no clear cut distinction be
tween secondary cage recombination and bulk 
recombination was presented. However, the treat
ment is based on conventional steady-state ki

t, sec.
Fig. -1.—Photo-oxidation curves at various I concentra
tions at pH 0.0, J  =  0.7 X 10 ' einstcin liter 1 
(1) R  = 0.6 M ,  (2) I- = 0 3 M ,  (3) I~ = 0.15 M .

10s [I2], mole l.-1.
Fig. 5.—Graphical determination of initial yields at 

different pH values: I - = 0.15 M ;  curve numbers the
same as in Fig. 1
netics8 leading to the dependence of the initial 
photo-oxidatio:i rate on J'/3. These results for 
bulk scavenging are inconsistent with the inde
pendence of the quantum yield of light intensity. 
Thus the pH dependence is attributed to mecha
nism (a) which, however, is not unique. Farkas 
and Farkas25 postulated the direct interaction of 
the excited electron with the H+ ion. This idea 
was supported by Franck and Platzman10 who re
ported a linear dependence of 7; on II + which is in 
variance with our experimental results. The in
dependence of 71 of light intensity is consistent 
either with Farkas’ mechanism or with a model 
of radical scavenging by H + from a photochemical 
cage, this scavenging reaction competing efficiently 
with secondary recombination. By investigating 
the pH dependence of 71 we intended to distinguish 
between these possibilities.

Our experimental results can be represented by 
the equation

7i = v +  ffi[H +]‘A (IV)
where at 25°

■n = 0.092 ±  0.005
W  = 0.33 ±  0.02
This equation is satisfactorily fulfilled in the pH

(25) A. Farkas ar.d L. Farkas, Trans. Faraday Soc., 34 1113 
(1938).



1236 J. Jortner, M. Levine, M. Ottolenghi and G. Stein Vol. 65

Fig. 6.— Graphical determination of initial yields at 
various I - concentrations: (1) pH 0.87, I "  = 5 X 10~3 M ; 
(2) pH 0.87, I "  =  1.5 X 10"2 M ; (3) pH 0.87, 1“  =  5 X 
10“ 2 M ; (4) pH 0.90, I "  =  1.5 X  lCT1 M .

region up to pH 2.0 and I -  concentrations under 
investigation. The square root law is presented 
in Fig. 7. In this plot we have used the initial 
quantum yields obtained by the extrapolation 
method. The intercept of the line in Fig. 7 yields 
the value of 0.092 ±  0.005 which is equal to 3yF 
in good agreement with the prediction of equation 
I.

At pH >  2 deviations from linearity in the linear 
plot of Fig. 7 occur due to the change in reaction 
mechanism. At low ®H below 0.7 the deviations 
are predicted by the theory of diffusion controlled 
scavenging. Theoretical predictions for efficient 
scavenging reactions competing with secondary 
recombinations predict such a functional depend
ence on scavenger concentrations.26

Application of the Theory of Diffusion Controlled 
Scavenging.—The square root law was derived by 
application of two models: a continuous model27 
and random walk in three dimensions.28 The 
approach developed by Noyes26’28 will be applied 
here.

Denoting by ¡3' the total probability of two 
original partners to react and by h(t)dt the prob
ability of these radicals to react between the time 
t and t +  df, then

0' = J 0” KMt (V)

(26) R. M. Noyés, J. Am. Chem. Soc., 77, 2042 (1955).
(27) L. Monchick, J. Chem. Phys., 24, 381 (1956).
(28) R. M. Noyés, J. Am. Chem. Soc., 74, 5486 (1956).

The residual yield for the introduction of the 
radicals into the bulk is

a '  =  r ( l  -  0 ')  (V I )

where I1 is the cross-section for primary photodis
sociation followed by the formation of radical pair 
in a solvent cage.

In the presence of a scavenger the probability of 
a radical to escape geminate recombination is26 23 
fh{l) (1 -  e-*ts]i) di = 0' -  fh{t) e-MS]<di =

¡3' — f  e~*[S]i di =
R/7 2L'

2 o (»J b [S ])V .-^ [S ]  (VII)

where k  is the long time bulk rate constant for the 
scavenging reaction,28 [S] the scavenger concen
tration, and a is a parameter defined by Noyes.26

The integration of h(t) is valid according to this 
approximation only after a certain period cor
responding to the formation of distinct chemical 
species and subsequent few diffusive displacements. 
This period is selected as the relaxation time of the 
solvent molecules 10~n sec. Thus we set 4a2//F 2 
= 10~n sec. and as /S'-—-1 hence 4a2~ 1 0 “ n sec. 
The theoretical expression for relatively low 
scavenger concentrations is thus given by

a =  ar T  2ar(7r&[S] )7 2 (VIII)
Fitting our experimental results into this scheme 

using the value of IF =  0.33 obtained from Fig. 3 
we obtain k =  3 X 108 M ~x sec.-1 as an upper 
limit, assuming T =  1.

The nature of the scavenging reaction will now 
be considered. A plausible mechanism for hydro
gen atom scavenging by 11 + is that of H2+ forma
tion according to reaction 9.8 However inde
pendent experimental work16 indicates that the rate 
constant of H2+ formation is relatively low, 7c9 ~  
103 M ~l see.-1, a result which is much lower than 
the scavenging rate constant. Thus we are forced 
to conclude that FI2+ formation is not involved in 
the scavenging reaction. The magnitude of the 
rate constant k  shows that the scavenging process 
involves electron transfer. However at present we 
cannot decide whether it is an II atom or an electron 
which undergoes the random walk process in the 
photochemical cage and which interacts with II+.

Thus the scavenging mechanisms may involve 
the charge transfer process

(I +  H) +  H+ -— ^  I +  H+ +  H

Theoretical estimates29 indicate the efficiency of 
this reaction at relatively large separations.

Alternatively the scavenging reaction may in
volve thermal electron capture by the hydroxo- 
nium ion, which may be an efficient process. The 

(I +  e) +  H + — > I +  H
possibility of specific reactions of thermalized 
electrons was considered in detail in radiation 
chemistry.30’31 Recently the question of the dis
tinction between hydrogen atoms and related 
species was raised. Thus Barr and Allen32 postu-

(29) W. F. Libby, J .  Phys. Chem., 56, 863 (1952).
(30) H. Frohlich and R. L. Platzman, Phys. Rev., 92, 1152 (1953).
(31) D. Armstrong, E. Collinson, F. S. Dainton, D. M. Donaldson, 

E. Hayon, N. Miller and J. Weiss, Proc. 2nd Int. Conf. Peaceful Uses of 
Atomic Energy, Geneva, 29, 80 (1958).
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lated the existence of two forms of II atoms in 
aqueous solutions. One of these probably is the
thermalized electron.33'34

Dependence of -y\ on I -  Concentration.—The
experimental results presented in Fig. 6 indicate 
that the initial quantum yield is independent of 
initial iodide concentration in the concentration 
region 5 X 10~3 to 0.15 M  at low pH. These 
results were obtained under conditions of total 
light absorption which hold up to the lower I~ 
concentration employed. These results are in 
variance with previously reported experimental 
data8 and indicate that contrary to previous sug
gestions8'11 the iodide ion concentration does not 
affect the rate of introduction of radicals into the 
bulk.

Radical Reactions in the Bulk.—As a result of 
the scavenging reaction, or by diffusion away from 
original partners, hydrogen and iodide atoms are 
introduced into the bulk. At relatively low pH 
below 2.0 hydrogen atoms act as oxidizing agents 
for the iodide ion. Recently this fact was demon
strated by oxidation of the iodide ion by H atoms 
externally generated, and it was shown that the 
results are consistent with an oxidation mechan
ism involving H2+ as the actual oxidizing species.16 
In this low pH region the initial rate of introduction 
of H atoms into the bulk is equal to the initial 
photo-oxidation rate.

The nature of the oxidation reaction of I -  by 
atomic hydrogen in the photochemical system was 
investigated by considering the compound rate 
constants ratio kr/kox. This value was obtained 
from the ratio of slope to intercept from Figs. 5 
and 6. The accuracy of the rate constants obtained 
is about 5%. These data are presented in Table 
II.

T a b l e  II
T he  D e pe n d e n c e  o f  kr/k„,  on  p H  an d  I odide  I on C on

c e n tr a tio n s

pH 1-, M 1/H+, M ~ ' 10-* k,
0.65 1 .5  x 1 0 -1 4.15 0.58

.87 5 X IO- 3 0.89

.87 1.5  X 1<)-2 1.0

.87 5 X 10“ 2 0.76

.9 1 .5  X 10-> 7 .7 0.71
1.1 1 .5  x 1 0 - ’ 11.9 1.46
1.36 1 .5  x 1 0 -1 23.3 2.25
1.78 1 .5  x 1 0 -1 57 .0 5 .20

The ratio of the rate constants is found to be pH 
dependent. A plot of this ratio as a function of 
1/[H  + ] is a straight line, with a positive intercept. 
(Fig. 8). The experimental results can be 
fitted by the expression

=  1.5 x  103 + 000
IH +] (IX )

No dependence of lcr/k0% on I -  could be detected 
up to 1.5 X 10_1 M. For higher iodide concentra
tions the results were not accurate enough to 
establish this point.

(32) N. F. Barr and A. O. Allen, J. Phys. Chem., 63, 928 (1958).
(33) J. T. Allen and G. Scholes, Nature, 187, 226 (I960).
(34) G. Czapski, J. Jortner and G. Stein, J. Phys. Chem., 65, 964 

(1961).

v'H+, mole'/s 1. ln.
Fig. 7.— The dependence of initial quantum yields or. the 

square root of II+ ion concentration.

Fig. 8.— The dependence of the compound rate constants 
ratio kJko-R on 1 /H + for 0.15 M  I - .

We wish to show that these results are consistent 
with the oxidation mechanism involving H2+. 
We assume that oxidation of the I~ ion proceeds 
by reactions 9 and 10. The possible reaction 

H2+ +  I2-  ---- >■ H2 +  I.
is not introduced because of the low steady state 
concentrations I2_ compared with that of 1“ . 
The reduction reaction of iodine and I -  may pro
ceed by

L +  h 2+ - -s>- I "  +  2H+ +  I (11a)
1, -  +  H2+ - 21- +  2H+ +  I ( l i b )

L +  H — ->■ I~ +  H + +  I (12a)
I3-  +  H — -> 21- +  H+ +  I (12b)

Under our experimental conditions iodine is 
present mainly as I3~. However the pronounced 
dependence of the reduction yield of iodine on I ”  
concentration at pH 5.5 (Fig. 4) indicates that tri
iodide ions are more stable toward reduction com
pared with free I2.

The concentration of free I2 can be obtained from 
the expression

rT , _  K '[h ] t_  _  A’ J h h
' 2j K, + [I-] -  [I-]

where K e =  1.4 X 10~3 at 25° is the equilibrium 
constant for the reaction

I3- I2 +  I -

and [I2]t is the total iodine concentration. Appli
cation of steady state treatment to the bulk re
actions 9, 10, 11 and 12 leads to the result

dibit  x i i - ]  -  n u A
d< 2 V1 ^  A l l - ]  +  Y[h]J

(X)

where X  =  7c îo [H ■*"].
Y A’9&u[II+] +  k-vka

kn — h ,‘

T &iofcl2[I 1
, knhK„

+  '[H I

+  An/cislU
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, fci=bA'0 fel2 — L 21* d---- j

Thus we obtain
fer _ fell | feis(fe— 9/felO T  [I ]) . fellfel2 rr -1 /-y'TN
k0, ~ k i «  fe9[H+] +  feTfeio 1 2J

For relatively low I2 concentrations the linear 
term in I2 can be neglected. This is indicated from 
Figs. 5 and 6 where no deviations from linearity 
were observed.

The pH dependence of the ratio of the rate con
stants is consistent with the oxidation mechanism 
involving H2+. The oxidation mechanism involv
ing abstraction of H atoms from the hydration 
layer36 requires that the ratio of the rate constants 
should not be dependent on pH, while the triple

(35) N. Uri, Chem. Revs., 50, 376 (1952).

collision mechanism36 requires that the intercept 
in Fig. 8 should be zero. Neither of these condi
tions is fulfilled.

It should be pointed out however that while the 
photochemical data indicate a pH dependent 
mechanism for the oxidation of I -  by H atoms, 
these results by themselves do not yield absolute 
evidence for the oxidation mechanism involving 
Id2+. The main effect of H+ ion on the photo
chemistry is due to the pH dependence of the rate 
of introduction of radicals into the bulk. The 
difficulties of the detection of the dependence of 
fcox/fcr on I ion concentration which probably 
cancels out due to opposite effects remain to be 
elucidated.

(36) .1. P. Ethier and F. Haber, N aturw iss18, 266 (1930).

THE NATURE OE THE CHROMIUM (VI)-l ,5-DIPHENYLCARBOHYDRAZIDE 
REACTION. II. THE CHROMIUM(II)-DIPHENYLCARBAZONE

REACTION1-2
B y  I v a n  E. L i c h t e n s t e i n  a n d  T h o m a s  L .  A l l e n

Department of Chemistry, University of California, Davis, California 
Received February 6, 1961

Chroiruum(II) reacts with diphenylcarbazono in aqueous solution to give an intense magenta color. A molar absorbancy 
index of 3.6 X  104 (based on chromium(II) concentration) has been obtained at 546 m/t. The absorption spectrum is very 
similar to that of the magenta product of the aqueous chromium (VI)-l,5-diphenylcarbohydrazide reaction. It is concluded 
that the same colored substance, a chromium complex, is formed in both reactions.

Introduction
In several previous investigations3'-6 it has been 

found that chromium (II) reacts with diphenyl- 
carbazone (phenylazoformic acid-2-phenylhydra- 
zide) in aqueous media to give an intense magenta 
color, similar to that arising from the aqueous 
chromium (VI)-l,5-diphenylcarbohydrazide reac
tion. Very recently, however, Babko and Get’man6 
have reported that chromium(Il) does not react 
with diphenylcarbazono. They attribute the re
sults of previous investigators to the use of chro- 
mous acetate. Since they have found that diphenyl- 
carbazone in acetic acid has the same color whether 
chromium(II) is present or not, Babko and Get’man 
conclude that the color observed by previous work
ers must have resulted from the side reaction of 
diphenylcarbazone with acetic acid.

Because of the doubt thrown on the existence of 
the chromium (Il)-diphenylcarbazone reaction, 
which had seemed to be closely related to the 
chromium(VI)-l ,5-diphenylcarbohydrazide reac
tion, we have made a detailed investigation of this 
and related systems.

(1) This work was assisted by a research grant from the National 
Science Foundation.

(2) Abstracted in part from the Ph.D. Dissertation of Ivan E. Lich
tenstein, University of California, Davis, 1960.

(3) M. Bose, Anal. Chim. Acta, 10, 201, 209 (1954).
(4) It. T. Pflaum and L. C. Howiok, ,/. Am. Chem. Soc., 78, 4862 

(1956).
(5) B. Das Sarma and J. N. Ray, Sci. and Culture (India), 21, 477 

(1956).
(6) A. K. Babko and T. E. Get’man, Zhur, Obshch» K h im 29, 2416 

(1959),

Experimental
Materials.— Pure diphenylcarbazone was obtained from 

its double compound with 1,5-diphenylcarbohydrazide by the 
method of Krumholz and Krumholz.7 The diphenylcarba
zone was recrystallized from 1:2 EtOH-HjO, m.p. 123- 
126°; lit.7 125°. Anal. Calcd. for Ci3H12N40 :  C, 64.97; 
H, 5.03; N, 23.32. Found: C, 64.80; H, 4.91; N, 23.49. 
The double compound was recrystallized from 1:1 EtOH - 
H.O, m.p. 154-157°; lit.7 156-158°. Eastman 1,5-di- 
phenylcarbohydrazide, lot 42, m.p. 173-174°, was used 
directly. Acetone was Eastman Spectro grade. Mathe- 
son prepurified nitrogen and “ bone-dry”  C 0 2 were used. 
Other substances were reagent grade.

Solutions.— A 1 M  chromium(II) solution, used in the 
qualitative cxpts., was prepared by reduction of a chromic 
chloride solution with zinc amalgam. The deep blue solu
tion was stored under C 02. For the quantitative expts. a 
more dilute chromous solution was prepared by the method 
of Stone8 and stored under nitrogen. The all-glass appara
tus used to store and dispense the solution was similar to 
the gravity type of apparatus described by Stone.8 Chro- 
mium(II) was determined both iodimetrically9 and poten- 
tiometric.ally.10 The average of four such determinations 
was 1.17(±0.02) X 10-3 Hi. This solution also contained 
significant amounts of chromium(III). The presence of 
chromium(III) should not interfere with a study of the 
chromium(II)-diphenylcarbazone reaction, as chromium- 
(III) does not react with diphenylcarbazone or 1,5-diphenyl
carbohydrazide under the conditions of these expts.3 Never
theless, blanks containing appropriate amounts of chro- 
mium(III) were used. The chromium(III) stock solution 
contained 0.018 M  CrCl3 and 0.2 M  HC1. Zinc(II) also was 
added to the blanks, since the chromous solution contained 
this species owing to its manner of preparation. The zinc- 
(II) stock solution contained 0.5 M  ZnCl2 and 0.1 M  HC1.

(7) P. Krumholz and E. Krumholz, Monatsh., 70, 431 (1937).
(8) H. W. Stone, Anal. Chem., 20, 747 (1948).
(9) II. W. Stone and R. L. Eichelberger, ibid., 23, 868 (1951).-
(10) Ji J. Lingane and R. L. Pecsok, ibid., 20, 425 (1948).
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Apparatus.— Absorption spectra were measured with a 
Beckman DU spectrophotometer at 25° using 1.000 cm. 
fused silica cells. A' Beckman Model G pH meter was used 
to determine pH.

Qualitative Experiments.— One drop of 1 M  chromium(II) 
solution was added to an acidified water-acetone solution 
of diphenylcarbazone or double compound. After dilution 
to a suitable volume, the absorption spectrum of the solu
tion (relative to a reagent blank) was measured.

Quantitative Experiments.— In the first expt. listed in 
Table I, 50 mg. of diphenylcarbazone was dissolved in 40 ml. 
of acetone, and then 80 ml. of water and 12 ml. of 1 M  HC1 
were added. The solution was divided in half, and nitrogen 
was bubbled through each portion for one hour. Then 10.55 
ml. of the dilute chromium(II) solution was added to one 
portion; 5.0 ml. of the chromium(III) solution and 0.2 ml. 
of the zinc(II) solution were added to the other. Oxygen 
was excluded prior to and during this step, and for five 
minutes thereafter. The solutions then were diluted to 200 
ml. with water. For the spectrophotometric measurements 
5.00-ml. aliquots were diluted to 25.0 ml. In the second 
expt. 3.07 ml. of the chromium(II) solution was used, and 
the spectrophotometric measurements were made after 
dilution to 200 ml. The third expt. was similar to the 
second, except that the water used to dilute the diphenyl
carbazone solution was "air equilibrated”  by bubbling air 
through it for several hours, and the solution was not flushed 
out with nitrogen. In the fourth expt. the 12 ml. of 1 M  
HC1 were omitted; otherwise it was identical with the 
second. (The fairly low pH resulted from the acidity of the 
chromous solution.)

For comparison it was necessary to determine the ab
sorption spectrum of the colored product of the chromium-
(Vl)-l,5-diphenylcarbohydrazide reaction. Appropriate 
amounts of the organic reagent in acetone, dilute HC1, and a 
solution of chromium(VI) were mixed. The final solution 
contained 10% acetone by volume and had a pH of 2.3. 
The absorption spectra of solutions of diphenylcarbazone in 
glacial acetic acid and in 10 vol. %  acetic acid also were 
determined.

Results
The qualitative expts. showed that chromium(il) 

and diphenylcarbazone give an intense magenta 
color despite the absence of acetic acid and ace
tates. Both the position of the absorption maxi
mum (545 mg) and the shape of the absorption 
curve (half-maxima at 500 and 590 mg) are identi
cal, within the experimental error, with those of the 
colored product of the chromium(VI)-l,5-diphenyl- 
carbohydrazide reaction (maximum at 546 mg, 
half-maxima at 495 and 590 mp). The reagent 
blank, containing diphenylcarbazone and zinc(II), 
had slight absorption and no maximum in this 
region. Its absorption spectrum was essentially 
the same as that of diphenylcarbazone in aqueous 
solution at pH 1.5.4 It was also found, in a sepa
rate expt., that the absorption of an appropriate 
blank containing zinc(II) and 1,5-diphenylcarbo- 
hydrazide was negligible in the visible region.

Chromium(II) likewise reacts with the double 
compound of diphenylcarbazone and 1,5-diphenyl- 
carbohydrazide to give a magenta solution with the 
same absorption spectrum. The absorption of the 
reagent blank was again slight in the region of 
interest.

The salient features of the quantitative studies 
are shown in Table I. In each expt. the absorbancy 
of the solution increased slowly to a maximum value. 
The table lists both the time at which the absorb
ancy reached its maximum value, and the molar 
absorbancy index based on the maximum absorb
ancy at 546 m,u (relative to the reagent blank) 
and the formal concentration of chromium (II). 
A comparison of the first and second expts. shows

that increasing the mole ratio of diphenylcarbazone 
to chromium (II) substantially increases the value 
of (aM)max and reduces ¿max. The third expr. shows 
that when oxygen is present in the diphenyl
carbazone solution prior to addition of chromium- 
(II) maximum color is sharply reduced, probably 
because of the reaction of oxygen with chromous 
ion. In the fourth expt. the effect of pH was in
vestigated. It is seen that increasing the pH in
creases both the rate and quantity of color develop
ment. The opposite effect occurs in the chromium- 
(VI) -1 ,5-diphenylcarbohydrazide reaction.1:

T a b l e  I
T h e  C h r o m iu m ( I I  )-l Iip h e n y l c a r b a zo n e  R e a ctio n

Mole ratio 
of reactants'* pH

u „  
hr. b (»»Im *

8 :1 1 ,5d 40 2.8 X 104
28:1 1.5 14 3.3 X  104
28:1 1.5 14 1.1 X 104e
28:1 2.8 2 3.6 X 104

° Diphenylcarbazone:chromium(II). b Time at which 
the absorbancy reached a maximum. c Maximum value 
of the molar absorbancy index at 546 mp. d Before taking 
aliquots. ‘ Oxygen not excluded.

The solution of diphenylcarbazone in glacial 
acetic acid was found to have an intense purple 
color. Its absorption spectrum shows a peak at 
550 mp, with half-maxima at 500 and 585 m/t. 
The molar absorbancy index at 550 m/i, based on 
diphenylcarbazone, is 6.7 X 103. On dilution with 
water the color fades to a light orange, and the 
spectrum of diphenylcarbazone in 10% acetic 
acid has only a weak plateau in the 520-540 mp 
region. A comparison of the absorption spectra 
of diphenylcarbazone in various solvents will be 
reported elsewhere.

Discussion
The results presented above show that the ma

genta substance which is formed by mixing solu
tions containing diphenylcarbazone and chromium- 
ill) is a product of a reaction between these rea
gents, and not a product of some side reaction. It 
has been reported that zinc(II) forms colored 
products with diphenylcarbazone and 1,5-diphenyl- 
carbohydrazide.12 However, the blank tests have 
shown that colored substances are not formed by 
zinc ion and either reagent at the concentration 
level used in these expts. It also has been shown 
that the presence of acetic acid or acetates is not 
necessary for color development. Furthermore, 
the presence of small amounts of acetic acid in a 
diphenylcarbazone solution is not in itself sufficient 
to produce the magenta color. Hence the strong 
absorption at 540 m̂ i reported by earlier workers3'4 
cannot be attributed to their use of chromous ace
tate.

For each of the chromium (Il)-diphenylcarbazone 
systems studied it was found that the absorption 
spectrum had essentially the same form as that of 
the chromium(VI)-l,5-diphenylcarbohydrazide sys
tem. Logarithmic graphs of absorbancy vs. wave 
length for the tw'o systems were superimposable

(11) T. L. Allen, Anal. Chem., 3C, 447 (1958).
(12) F. J. Welchfir, “ Organic Analytical Reagents," Vol. I ll , D i 

Van Nostrand Go;, Inc;* New York; N; Y., 1947, pp. 431 and 456:
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within the experimental uncertainty.13 Under the 
most favorable conditions employed (the last expt. 
in Table I), the molar absorbancy index at 546 m/i 
is 3.6 X 104 based on chromium(II). This is 
substantially larger than the value of 2.5 X  104 
(at 540 m/x) obtained by Pflaum and Howick.4 
It seems likely that when the reaction is carried out 
under optimum conditions the molar absorbancy 
index will be the same as that of the magenta 
product of the chromium(VI)-l,5-diphenylcarbo- 
hydrazide reaction, which is (4.17 ±  0.04) X 104 
at 546 m/x based on chromium(VI).11

Extraction studies of the latter substance have 
shown that it is a chromium complex.14 As the

(13) We are indebted to Dr. A. I. Popov for pointing out this 
method.

(14) I. E. Lichtenstein and T. L. Allen, J. Am. Chem. Soc., 81, 1040 
(1959). In this article the complex was inadvertently called an or- 
ganometallic complex. Although the word organometallic commonly 
indicates that the metal is bonded directly to a carbon atom, such an 
implication was not intended, inasmuch as the complex is probably a 
chelate in which chromium is bonded to oxygen and/or nitrogen 
atoms.

colored substance and chromium were extracted 
in the same proportion, all of the. chromium must 
have been complexed. The close similarity of the 
magenta product of the chromium(Il)-diphenyl- 
carbazone reaction, both in the form of its absorp
tion spectrum and in its molar absorbancy index,, 
suggests that it is the same substance, and that 
here too all of the chromium is complexed.

The absorption spectrum of the chromium com
plex in aqueous solution is rather similar to that of 
diphenylcarbazone in glacial acetic acid (or, to a 
lesser extent, in certain other solvents). It is 
markedly different from that of diphenylcarbazone 
in dilute acetic acid and other aqueous solutions. 
Previous investigators4'5 have obtained evidence 
that the complex contains diphenylcarbazone and 
chromium (III). Because of the similarity in 
spectra, it is reasonable to suppose that diphenyl
carbazone has a similar structure in the complex 
and in glacial acetic acid; complexing with chro
mium (III) makes this structure stable with respect 
to the form normally present in aqueous solution.

THERMODYNAMICS OF SOLUTION OF HIPPURIC ACID IN WATER AND 
IN VARIOUS SODIUM CHLORIDE SOLUTIONS12

By R icci J. Larese and W illiam J. Canady

West Virginia University Medical Center, Department of Biochemistry, Morgantown, West Virginia
Received February 10, 1961

In view of the fact that hippuric acid is a compound of considerable biological importance, and since crystallization is 
used as a step in the quantitative determination of hippuric acid, the solubility of hippuric acid as a function of temperature 
and ionic strength has been studied. The solvents varied from pure water to 3.0 m sodium chloride solution. Variations 
of the free energies, heats and entropies of solution with ionic strength are presented. The free energy of solution at 25° is 
linear with ionic strength, while the heat of solution varies very little with ionic strength. The variation of the change in 
heat capacity for the solution process with salt concentration may be explained in a rough qualitative manner in terms of 
the iceberg theory of Frank and Evans. The variation of the entropy change with salt concentration is very slight at 25° 
but when extrapolated to lower temperatures it tends to increase with an increase in ionic strength as would be expected from 
iceberg theory.

The solubility of hippuric acid in water and in 
salt solutions has been of practical interest for a 
number of years, since crystallization is used as a 
step in the quantitative determination of hippuric 
acid.3-6

Very little work to date has had to do with the 
temperature dependence of the solubility of hippuric 
acid or the effect of added neutral salts upon this 
dependence.

Equilibrium was studied from both undersatura
tion and oversaturation. Solvents ranged from 
pure water to three molal salt solution; seven 
temperatures were investigated, ranging from 
approximately 15 to approximately 45°.

Experimental
Equipment.— Constant temperature was maintained by 

means of a Sargent thermistor controlled water-bath. The 
temperature may be maintained within ±0 .0 1°. The

(1J This investigation was supported by a grant from the National 
Science Foundation.

(2) Abstracted from a thesis by R. J. Larese in partial fulfillment of 
the requirements fer the M.S. degree, West Virginia University.

(3) A. J. Quick, Am. J. Med. SH., 185, 030 (193,3).
(4) A. .1. Quick, Am. J. Clin, rath., 10, 222 (1940).
(5) T. E. Weiehselbaum and J. G. Probstein, J. Lab. Clin. Med., 

24, 636 (1939).

temperature was measured with two E X A X  solid point 
thermometers having temperature ranges of 0 to 30° and 20 
to 50°, respectively, in increments of 0.1°. These ther
mometers were calibrated against a Leeds and Northrup 
platinum resistance thermometer over the entire experimen
tal range. The platinum resistance thermometer had been 
previously calibrated by the U.S. Bureau of Standards. 
A Beckman DUV Spectrophotometer was used for the 
photometric determinations.

Materials.— The hippuric acid was obtained from the 
Fisher Corporation and was the “ highest purity”  grade. 
It was recrystallized twice from water and its melting point 
remained unchanged at 187.2°. The water was doubly 
distilled through all glass apparatus. The sodium chloride 
used was J. T . Baker C.p. grade.

Procedure.— For equilibrium approached from under 
saturation, one gram of hippuric acid was placed in a 100 
ml. screw cap Pyrex erlenmever flask along with 80-90 
ml. of solvent. Water-proofed corks were placed around 
the necks of the flasks and this whole assembly was wired to 
lead sinkers. The lengths of wire linking them with the 
lead sinkers at the bottom of the bath were arranged so 
that the flasks would float with a gentle bobbing, rotating 
motion due to the brisk circulatory flow of water in the 
bath, but were not allowed to move about freely.

For equilibrium approached from oversaturation, the 
procedure was similar to that described above except that 
the flasks containing hippuric acid crystals and solvent 
were maintained at approximately 55° for six hours before 
being placed in the bath.

Samples were removed at various times from both the
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under and oversaturated flasks. For the studies with pure 
water 25 ml. was removed; for the studies with salt solutions 
the samples consisted for 10 ml. In each case care was 
exercised to avoid taking up any solid. The aliquot was 
transferred to a volumetric flask which was held in the same 
bath. After a 15-minute equilibration, the volume •was 
adjusted exactly to the mark. This made it possible 
to be certain that no appreciable volume change took 
place from the slight warming or cooling effect introduced 
by removal of the sample. The flasks then were stoppered 
and weighed. The contents of each volumetric flask were 
diluted in such a way as to produce a solution ranging from 
2-5 X 10 ~5 M  in hippuric acid for spectrophotometric 
determination at 230 iri/i. Serial dilutions were found to 
follow Beer’s law. All readings were compared to a stand
ard curve derived by least squares from known solutions 
of hippuric acid.

Results
The results obtained from undersaturation did 

not differ significantly from those obtained from 
oversaturation. Approximately half of the experi
ments were done in each way. The average devia
tion from the mean at each temperature for 281 
determinations was 1.13%.

The logarithm of the solubility, s, expressed as 
molality, was plotted against the reciprocal of the 
absolute temperature on large scale graph paper. 
A smooth curve was drawn and the values read at 
various values of l/T. These smoothed values are 
listed in Table I. The smoothed data were fitted to 
an equation of the form

In * =  I f - “ +  In T  +  C  (1)

where
AH  =  AHo +  a CPT

It is assumed that the conventional activity co
efficient is independent of concentration.

T able I
L ogarithms of the Solubilities of H ippuric A cid in 
W ater  and NaCl Solutions at  V arious T emperatures 

Concentrations are expressed as molalities

T, °K. HaO 0.2
— Log s 

0.5 1.0 2.0 3.0
288.1
288.8 1.8213

1.8690 1.9160 1.9980 2.1590 2.3335

292.1 1.7580 1.7970 1.8415 1.9220 2.0820 2.2540
298.1 1.6840 1.7210 1.7641 1.8435 1.9978 2.1638
303.1 1.6030 1.6360 1.6810 1.7609 1.9172 2.0815
308.1 1.5215 1.5523 1.5947 1.6782 1.8361 1.9978
313.1 1.4372 1.4645 1.5080 1.5919 1.7522 1.9190
318.1 1.3470 1.3745 1.4194 1.5033 1.6720 1.8400

Some thermodynamical quantities of interest are 
listed in Table II. The standard free energy change 
AF° is written as equal to —RT  In s. In addition 
AH, the change in heat content, AS0, the entropy 
change and A(7P, the change in heat capacity, are 
also listed. All values given are for a temperature 
of 25°, except for the change in heat capacity, 
which is essentially independent of temperature 
over the range studied. The relative activity co
efficient 7 at 25° defined as Molality in water/ 
Molality in salt solution is given as well.

It should be noted that the solubility measured 
in water at 25° agrees well, within one per cent., 
with the result of Larsson.6 It should be noted (hat 
ACP in 0.2 m sodium chloride is larger than the value

(6) E. Larsson, 7 . physik. Chem., 127, 232 (1827).

for pure water. Since these terms vary con
siderably with small experimental errors, it is doubt
ful that this is significant.

The constants appearing in eq. 1 are given in 
Table III so that the solubility may be calculated 
for any temperature within the experimental range. 
A linear relationship is found when AF° is plotted 
against ionic strength. Since the logarithms of the 
solubility of many non-electrolytes produce a 
linear result when plotted against ionic strength, 
the linearity of "she free energy plot is not surprising. 
A plot of relative activity coefficient, 7, against 
ACP, the change in heat capacity, results in a fairly 
good straight line.

T able  II
NaCl

concn. AF, cal. AH, cal. AS, e.u.
ACp,

cal./°C. y
0.0 2293 6264 13.3 103.7 1.00

_2 2342 6421 13.7 104. G 1.C9
.5 2401 6485 13.7 100.1 1.20

1.0 2511 6479 13.3 91.0 1.44
2 0 2723 6561 12.9 54.4 2.07
3.0 2949 6813 13.0 21.1 3.03

T able III
C onstants of E quation 1

NaC
concn. AHo

ACp
H T -C

0.0 -24647.60292 52.18857 342.84110
.2 -26112.56126 54.92649 360.99648
.5 -23371.88995 50.41238 330.74994

1.0 -20651.03184 45.80447 300.08691
2.0 -  9672.34056 27.40730 177.08581
3.0 +  513.62820 10.63547 64.70971

Discussion
A relatively small variation of the heat of solu

tion at 25° with ionic strength was observed. If 
the heat of solution is calculated for higher tempera
tures, e.g., 45°, the effect becomes even smaller, 
while at lower temperatures considerable varia
tion is observed. The variation of ACP might be 
interpreted in terms of the “ iceberg theory”  of 
Frank and Evans.7 Claussen and Polglase8 have sug
gested that the large changes in the heat capacities 
which they observed for the solution of aliphatic 
hydrocarbons in water might be due to the large 
amount of energy required to crack this shell of 
relatively demobilized water molecules surrounding 
the solute molecules. It is possible that in the case 
of hippuric acid, “ melting”  of such a sheath by 
added electrolyte might take place; hence ACp 
would be expected to decrease with increasing ionic 
strength which is indeed observed. Rather large 
negative entropy changes would be expected also. 
It must be kept in mind, of course, that hippuric 
acid is a crystalline solid and that any thermody
namic terms associated with its solution also include 
destruction of the crystal as well as hydration of the 
solute molecules. It may be seen that the entropy 
changes are positive as might be expected in going 
from the highly ordered solid to the more disordered 
solution; this effect would seem to swamp out any 
"iceberg”  contribution. Also to be noted is the

(7) H. s. Frank and M. W. Evans, J . Chem. Phys., 13, 519 (1945).
(8) W. F. Claussen and M. F. Polglase, J . A m . Chem. Soc. 74, 4817 

(19.r,2).
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fact the entropy change at 25° is almost inde
pendent of ionic strength, probably indicating a 
cancellation of effects, since the simple iceberg 
concept mentioned would predict that AS° would 
tend to become more positive as the “ ice”  layer 
around the solute is “ melted.”  This lack of change 
in AS° might be ascribed to the increasing relative 
importance of a solute-ion interaction term or terms 
as the temperature is raised. It is of interest how

ever, that at temperatures considerably lower than 
25°, AS° does become more positive with increasing 
salt concentration as would be expected if iceberg 
formations were being broken up.
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THE CONDUCTANCE OF HYDROCHLORIC ACID AT 25°
By R. H. Stokes
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A new method of analysis of hydrochloric acid involving eonductimetric determination of the concentration of a sodium 
chloride solution prepared from the acid is found to give very high accuracy. The conductance of hydrochloric acid is 
redetermined up to 1 N  at closer intervals of concentration than those of existing data. Elimination of errors due to ad
sorption in flasks and cells, and to the Soret effect on placing the cells in the thermostat, makes the reproducibility ±0.005% . 
Deviation-functions are tabulated which make interpolation within this accuracy possible, so that the results may be used 
for direct eonductimetric analysis of hydrochloric acid solutions. The results are used to test the Fuoss-Onsager theory of 
conductance, and indicate a limiting equivalent conductance for hydrochloric acid, A0 =  426.50 cm.2 ohm"1 cquiv."1 at 25°. 
The Fuoss-Onsager equation is exact only up to about 0.004.V, whereas the earlier and very similar equation of Pitts holds 
exactly up to 0.02 N .

Introduction
The standardization of hydrochloric acid solu

tions is frequently required operation in chemical 
laboratories. In many research laboratories today, 
high-precision equipment for measuring electrolytic 
conductance is available, and the simple opera
tion of measuring a conductance is much to be 
preferred to chemical standardization in such cases. 
The data of Shedlovsky1 cover the range up to 0.1 N  
at 25° and those of Owen and Sweeton2 go to 12 N, 
overlapping with Shedlovsky’s. The concentra
tion-intervals at which these investigators worked 
are however rather wide for convenient inter
polation, and at some concentrations agreement 
between them is not as good as the precision of 
either set of measurements. The recent predic
tion by Agar3 that the Soret effect may cause 
systematic errors in conductance measurement, and 
its experimental verification in this Laboratory,4 
have made it possible to obtain conductance 
measurements of such high reproducibility that a 
fresh series of measurements covering the range 
up to 1 V  at closer intervals seemed worthwhile.

Another justification for the work is that it 
should provide a searching test of the validity of 
the Fuoss-Onsager extension of the Debve-Huckel- 
Onsager theory to higher concentrations, for hydro
chloric acid solutions are virtually unaffected by 
solvent corrections to the conductance, both the 
self-dissociation of water and the ionization of dis
solved carbon dioxide being repressed by the solute.

Experimental
1. Purification and Analysis of Hydrochloric Acid Solu

tions.—Analytical reagent quality hydrochloric acid was

Cl) T. Shedlovsky, J. Am. Chem. Soc., 54, 1411 (1932).
(2) B. B. Owen and F. H. Sweeton, ibid., 63, 2811 (1941);
(3) J. N. Agar, Trans. Faraday Soc.. 5G, 770 (1900).
C4) R. H. Stokes, J. Phys. Chem . 65, 1277 (1901).

diluted to about 5.8 molal with conductance water and 
distilled in Pyrex apparatus. Though constant-boiling 
hydrochloric acid is an often recommended primary stand
ard, it was not used as such in this work. The reasons for 
its rejection need stating: After the original work of Hulett 
and Bonner in 1909,5 Foulk and Hollingsworth6 made in 192,3 
a careful reinvestigation covering the pressure range 730- 
780 mm. They noted a slight dependence of composition 
on the rate of distillation. Their values near 760 mm. have 
been reliably confirmed. In 1930 Bonner and Wallace7 
extended the range of pressures covered. They quote the 
compositions to five significant figures, but mention that 
the accuracy of their silver chloride determinations was such 
that the deviation of duplicates or triplicates from the 
mean was ±0 .05%  in some cases! They also failed to con
firm Foulk and Hollingsworths’ observation on the effect 
of rate of distillation; a failure which is not surprising, for 
their method of seeking the effect was nothing more than a 
measurement of the density of the distillate to an accuracy 
of 1 in 10,000. They seem to have been under the impres
sion that this accuracy in density measurement would give 
the same accuracy' in the composition of the acid, whereas a 
variation of 1 X  10"4 in density corresponds to a relative 
error of 0.1% in the composition of the constant-boiling 
acid. Since the data of Bonner and Wallace are the only 
ones available at the atmospheric pressure of 680 mm. pre
vailing in this Laboratory, other means of analysis were 
necessary.

The most satisfactory solid base for acidimétrie titration 
appears to be borax, provided that its hydrate composition 
can be definitely' established as the decahvdrate. A weighed 
15-g. sample of analytical reagent borax was equilibrated 
in a platinum basin for several days in an evacuated desic
cator over a solution saturated with respect to both sucrose 
and sodium chloride,8 the desiccator being immersed in a 25° 
thermostat. At the end of this period the sample was re
weighed, the change being only 0.004%. This established 
that it was the decahydrate. A stock of 4 liters of approxi
mately 1 molar acid was prepared from the distilled material 
and stored in a vessel from which it could he drawn by a 
siphon-tube. The container was thoroughly' shaken before 
any sample was drawn off, to eliminate concentration-varia-

(5) G. A. Hulett and W. D. Bonner, J. Am. Chem. Soc., 31, 390 
(1909).

(6) C. W. Foulk and M. Hollingsworth, ibid.. 45, 1220 (1923).
(7) W. D. Bonner and R. E. Wallace, ibid., 52, 1747 (1930).
(8) 11. Menzel. Z. nnorg. allgem. Chem., 224, 10 (193.5).
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tions arising from the condensation of vapor on the walls 
above the solution during nocturnal cooling of the labora
tory . Solution which had stood for any length of time in 
the siphon-tube was discarded. As a further precaution 
against change, the conductance of this stock solution was 
measured at the beginning and end of the work with agree
ment to 0.005%. All analyses were made by transferring 
the stock acid directly from the siphon into a weight-buret, 
whence it was weighed out on a Mettler balance accurate to 
0.1 mg. The weights of acid taken for analysis were never 
less than 30 g., so that weighing-errors of even 1 mg. would 
not exceed 0.003%.

For the borax analyses, 10-15 g. portions of borax were 
dissolved in conductance water and sufficient of the stock 
acid was weighed in to form an excess of 0.3 to 1% over the 
stoichiometric requirement. This excess was then back 
titrated volumetrically with 0.02 N  carbonate-free sodium 
hydroxide (prepared from sodium amalgam), using a glass- 
electrode pH meter to follow the course of the titration. 
The end-point was taken as the point of inflection of the 
curve of pH vs. volume of sodium hydroxide. It should be 
noted that this point can be demonstrated, by considera
tion of the equilibria involved, to be the true equivalence- 
point in this titration, which is effectively that of hydro
chloric acid against sodium hydroxide in the presence of 
boric acid. This was also confirmed by titration of a small 
amount of dilute hydrochloric acid with sodium hydroxide 
in the presence of the appropriate weighed amounts of pure 
sodium chloride and boric acid, in a volume equal to the 
final volume in the borax titrations. Other analyses were 
made by weight-titration against a 1 M  sodium hydroxide 
solution (also prepared from sodium amalgam), which was 
in turn standardized by titration against potassium hydro
gen phthalate. Gravimetric silver chloride determinations 
also were made.

It was considered, however, that none of these methods 
was quite up to the precision aimed at. The method on 
which most reliance finally was placed is given:

Weight-titrations of the stock acid were made against the 
1 M  sodium hydroxide, in an argon atmosphere, using 
brom thymol blue indicator, and with a differential volu
metric finish with 0.02 M  sodium hydroxide. The end
point was determined readily within 0.05 ml. of the 0.02 M  
sodium hydroxide, and since the weight of 1 M  hydrochloric 
acid stock titrated was about 50 g., the end-point was 
known to 0.002%. The solution of sodium chloride left 
at the end of the titration was diluted by weight in the 
titration-flask so as to fall in the range 0.12-0.25 M . Its 
conductance was then measured. A “ solvent-correction” 
(not exceeding 0.01% of the total conductance) was ob
tained by a blank titration on the same amount of indica
tor in the same volume. (The indicator blank titration 
was less than 0.05 ml. of the 0.02 N  sodium hydroxide.) 
Now the conductance of sodium chloride solutions in the 
range 0.1-0.3 M  is very accurately known from the work of 
Shedlovsky, et aZ.,9 and of Chambers.10 A graph of the 
deviation-function A +  35V c  against c  (Fig. 1) shows 
that differences between the two investigations are less than 
0.01% and the smooth curve through them is probably re
liable to 0.005%. By a simple process of successive approxi
mations using this deviation-function, the concentration of 
the sodium chloride then can be determined from its con
ductance within this accuracy. This method of course 
amounts to using the conductance of sodium chloride as 
the primary standard for acidimetry; the justification of 
this is that sodium chloride is a substance capable of prepa
ration in extreme purity, and of exact weighing as a solid, 
and that conductance measurements with modern equip
ment can exceed in accuracy almost any standard analytical 
technique. [This being the case, why not simply analyze 
the hydrochloric acid conduetimetrically by comparison 
with the data of Shedlovsky and of Owen and Sweeton? 
The reason is that, good though the measurements of these 
workers certainly are, they differ in places by up to 0.02%. 
It will in fact be shown later that the present results for the 
conductance of hydrochloric acid agree with Shedlovsky’s 
within 0.005% between 0.1 and 0.005 M .]

The analytical results, expressed as moles of hydrogen

(9) T. Shedlovsky, A. S. Brown and D. A. Maclnnes, Trans. Elec- 
trochem. Soc., 66, 165 (1934).

(10) J. F. Chambers, J. M. Stokes and R; H. Stokes, J. Phys. Chem., 
60, 985 (1956).
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Fig. 1.— Interpolation function for the conductance 

of sodium chloride at 25° in the range 0.1-0.35 N :  O, 
Chambers, ref. 10; ®, Shedlovsky, Brown and Maclnnes, 
ref. 9.

chloride per kg. of stock solution in  vacuo, are summarized 
in Table I. The greatest weight is attached to the sodium 
chloride conductance method, and the least to the phthalate 
standardization of the sodium hydroxide, since the purity 
of the phthalate was not guaranteed to be better than 
99.95%. The over-all mean of 0.97925 mole/kg. is also 
the mean of the three sodium chloride conductance deter
minations, and this figure was used for calculating concen
trations of all solutions in the conductance measurements. 
Two liters of 0.1 M  solution ivas prepared by weight- 
dilution of the 1 M  stock, using a balance accurate to 5 mg. 
for weighing the diluted solution, and a 1 kg. capacity 
Mettler balance for weighing the large weight-buret of 1 M  
stock. Both the containers used for storage of these stocks 
had been used previously for the same purpose for a long 
time, so that surface reaction with the acid would be mini
mized .

T a b l e  I
Su m m a r y  o f  A n a l y s e s  o f  H y d r o c h l o r ic  A c id  

St o c k

M o l e s  H C l / k g .
of soin.

Method in vacuo
NaCl conductance, final soin. 0.135 M  0.9792g
NaCl conductance, final soin. 0.208 M  .97923
NaCl conductance, final soin. 0.244 M  .9792.,
Borax weight-titration, 15 g. of borax ,9792.
Borax weight-titration, 8 g. of borax .9792i
Silver chloride gravimetric .9791
Weight-titration against NaOH standardized

by potassium h.ydrogen phthalate .97946
Over-all mean .97925

The dilutions of the stock solutions were made by weight 
in the vessel shown in Fig. 2. For all solutions below 0.05 M , 
the following precaution against loss of acid by adsorption 
on the flask walls was taken: The stock solution rvas
weighed into the tared clean dry flask (without the delivery- 
tube) from a weight-buret, the appropriate amount (500 
to 600 ml.) of conductance water was added, and the flask 
and solution were weighed on the 1 kg. Mettler balance to 1 
mg. The solution was then thoroughly mixed and allowed 
to stand in the flask for about half an hour, with occasional 
shaking to wet the whole surface. This solution (A) was 
then poured away and the mouth of the flask was dried with 
filter paper. The xvet flask was reweighed, and contained 
1 to 2 g. of the solution A on its wet surface. A fresh lot of 
stock acid then was weighed into the wet flask and diluted 
by weight to a concentration near that of solution A. The 
concentration of solution B then was calculated from the 
weight of stock acid and the small weight of solution A still 
in the wet flask. Now, suppose that solution A had lost 
0.1% in concentration through adsorption on the flask 
walls: then since solution A contributed no more than one 
part in 300 of the total solute in the final solution B, the 
adsorption error in solution B would not exceed 0.C003%. 
This “ rinsing” technique incidentally eliminates any errors 
due to contamination of the flask in cleaning and drying. 
Steaming-out is unnecessary, and the only washing re
quired is a few rinses with conductance water. The flask 
need not be dried except when a check on the tare is con-
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Fig. 2.— Weight-dilution vessel and delivery tube.

Fig. 3.— Conductance cell with mixing bulbs to permit 
elimination of error due to Soret effect.

sidered necessary, and even an error in the tare is largely 
self-cancelling. Another interesting point is: when a stock 
solution has to be weighed, it is delivered into the flask 
from a weight-buret. If it is delivered into a clean d ry  flask, 
the increase in weight of the flask is very appreciably less 
than the loss of solution from the weight-buret, e .g . , by 10 
mg. This discrepancy is not due to evaporation in the 
ordinary sense, for the flask (having a narrow neck) may be 
left on the automatic balance and seen to have a constant 
weight for many minutes. It is due to the fact that when 
the liquid is run into the dry flask, it saturates the relatively 
dry air in the flask, so that more air is displaced from the 
flask than would be displaced by the liquid alone. If the 
'■'quid is weighed into a wet flask, the air within which is 
already saturated, the discrepancy disappears, and the 
weighing of the flask then forms a useful check on the 
veigh-buret figure. In the weight-buret itself, of course, 
room air enters and becomes saturated, but since the new 
space formed is only equal to the volume of liquid run out, 
the error here is not significant. This is a point to be 
watched for whenever a liquid is weighed into a container 
many times the volume of the liquid.

Solution B was used for the conductance measurements 
proper, solution A being used, if at all, only for preliminary 
rinsing of conductance cells. A few measurements were 
made on both sclutions, and it was found as expected that 
solution A gave lower conductances, especially with very 
dilute solutions, in accordance with the adsorption explana
tion. For example, with a 0.005 N  solution, solution A 
gave a result 0.06% low.

Conductance water was prepared by passing the labora
tory distilled water through a mixed-bed ion-exchange resin 
column. The water leaving the column was monitored by 
conductance measurements; a few hundred ml. was run to 
waste before using the water, by which time its conductance 
was below 1 X 10-7 ohm-1 cm.-1. The water was passed 
through the bed fairly rapidly (200-300 ml. per minute) to 
reduce the chance of colloidal matter being picked up from 
the resin; no visible or weighable residue was left on evapora
tion. At the time this work was done, many hundreds of 
liters of water had been passed through the bed, so that most 
of the accessible colloidal material had probably already 
gone. The residual conductance (only about twice that 
due to the self-dissociation of water) was tentatively ascribed 
to residual carbon dioxide, and therefore no solvent correc
tions were applied to the conductances of hydrochloric acid

made by dilution with this water. In the measurements 
above 0.002 N ,  no attempt was made to protect the water 
or the solutions from the atmosphere  ̂as at these acid con
centrations the ionization of carbon dioxide in equilibrium- 
water is suppressed to the point where it can contribute 
no more than 0.001% to the total conductance. For the 
0.001 and 0.00036 N  solutions however it was considered 
desirable to exclude atmospheric carbon dioxide, since in 
the latter solution the contribution of ionized carbon dioxide 
might be nearly 0.01%. These two solutions were there
fore prepared and introduced into the cells under the pro
tection of C02-free argon presaturated with water vapor; 
appropriate corrections were applied to the weighings of 
argon-filled containers.

The conductance bridge was a Leeds and Northrop Jones- 
Dike bridge. Calibrations of the resistance coils had been 
made and were applied where significant. A variable-fre
quence oscillator, tuned amplifier, and C.R.O. detector were 
used. The oscillator output was kept below 1 volt, as it was 
shown that higher outputs caused detectable ohmic heat
ing of the cells. The cells were thermostated at 25° in an 
80-liter oil thermostat. The control was within ±0.002°, 
and the actual temperature was established as within 0.003° 
of 25° by a platinum resistance thermometer and Smiths’ 
Difference Bridge.

Conductance Cells.— The four Pyrex cells used were of 
the pattern shown in Fig. 3, the dimensions of the central 
tubular section being varied to give cell constants of ap
proximately 3.5, 4.5, 20 and 300 cm.-1. The electrodes 
were lightly platinized, so that frequency-dependence over 
the range 1-4 kc./sec. was less than 0.01%. This small 
dependence was extrapolated out by plotting R  against 
1 / \ / f. The resistances of the internal leads and the cell- 
to-bridge leads were determined by measuring a standard 
1000 ohm resistance first connected to the bridge by short 
heavy leads, and then connected in series with the leads 
and the cell filled with mercury. The contribution of the 
mercury to the resistance being less than 0.002 ohm (except 
in the capillary cell of constant 296 cm.-1) the leads resist
ances were easily determined to 0.001 ohm. The largest 
was 0.15 ohm. The cells were calibrated with the Jones 
and Bradshaw11 0.1 demal potassium chloride solution, 
prepared from three times recrystallized analytical reagent 
potassium chloride, dried in  vacuo  and then at 400°.

For all the measurements below 0.1 M , at least two and 
often three cells were used; above 0.1 M  the capillary cell 
with constant 296 cm.-1 was used exclusively, as the resist
ances were too low for optimum accuracy with the other 
cells; below 0.003 M  only the two cells of constants 3.5 
and 4.5 cm.-1 were used, the resistance in the cell of con
stant 21 cm.-1 being too high for convenience. In filling 
the cells, the delivery tube from the solution flask was put 
well down into the filling tube of the cell so that no evapora
tion loss could occur after the cell had been rinsed once 
with solution. The cells were rinsed six times with solu
tion before filling, and the ground joints at the end of the 
filling tubes were wiped dry with filter paper before inserting 
the stoppers. The cells were thermostated for half an hour, 
then the solution was sucked up into the mixing bulb on the 
side-arm, and forced back, until no further change in re
sistance occurred. In the case of the most dilute solutions 
where an argon atmosphere was present in the cells, mixing 
was performed by inversion of the cells without removing the 
stoppers.

The time of half an hour allowed for temperature equilibra
tion was proved to be more than adequate by a study of the 
rate of change of resistance with time in a cell calibration. 
The cell, previously warmed or cooled above or below 25°, 
was placed in the thermostat at zero time and its resistance 
read every half-minute. The resistances were converted 
to effective temperatures, which were found to change in 
accordance with Newton’s law of heat transfer. The rate 
constant of the heat transfer process was such that the cell 
contents must be within 0.001° of the bath temperature 
after 18 minutes. Further evidence of the adequacy of the 
equilibration time was provided by the fact that the same 
resistance value was attained for equilibration periods of 20 
minutes or several hours, provided that the Soret effect was 
eliminated by mixing the cell contents at the end of the equi
libration period. After mixing, the resistance was un- ill)

i l l )  G. Jones and B. C. Bradshaw, J. Am. Chem. Soc., 55, 1780 
(1933).
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c, mole l.” 1.
Fig. 4.— Interpolation function for conductance of hydrochloric acid at 25° in the range 0-0.18 N :  x  =  A +  158.74%/c/ 

(1 +  1.316\/c): O, this work; X , Shedlovsky, ref. 1; □ , Owen and Sweeton, ref. 2.

changed for many hours. To eliminate adsorption effects 
on the black electrodes, the cells after measurement were 
refilled with the same solution and the measuring process 
(with mixing) was repeated. If any change greater than 
0.005% was noted, the filling was repeated until constancy 
was found. Such changes were significant only when the 
cells previously had been used for a solution of considerably 
different concentration. The same procedure was followed 
in the cell calibrations. Agreement between duplicate or 
triplicate measurements in different cells was within 0.01%, 
and the mean values reported are probably correct within 
0.005%.

The results are summarized in Table II. In order to test 
these data for smoothness, and for comparison with other 
work, a deviation plot on which variations of 0.002% can 
be detected is needed. Such a plot is provided by the 
function

158.74 V i
X ohs +  1 +  1.316 V c

which lies in the extremely narrow range 426.06-426.86 
between c =  0 and c =  0.18 M .

For the concentrations between 0.1 and 1 Ar another 
deviation function was necessary; this was chosen as

V — Aobs. +  49.5 y/c +  27.9c
Values of these two deviation functions are included in 
Table II.

T au le  II
C o n ductan ces  o f  A queous  H y d ro ch lo ric  A cid  at 2 5 ° ' 

an d  V a lu e s  o f  I n te r p o la tio n  F u n ction s

c in mole 1. 1; A in cm.2int. ohm 1g. equiv. -l
X

V
= A +  158.74 V c/(1  +  1.3160 Vc) 
= A +  49.5 V c +  27.9c

10'c A X 103c A X

0,35938 423.44 426.38 20.3166 407.10 426.15
1.02493 421.39 426.27 30.302 403.82 426.30
1.81756 419.83 426.23 49.898 399.13 426.52
2.6749 418.49 426.18 57.934 397.56 426.58
4.0733 416.77 426.12 81.504 393.82 420.76
5.3061 415.52 426.07 99.505 391.39 426.77
7.7094 413.58 426.07 100.196 391.28 426.75

10.1149 411.98 426.08 100.759 391.23 426.77
11.3555 411.22 426.06 107.295 390.44 426.77
15.4732 409.11 426.07 143.213 386.63 426.73
20.1515 407.18 426.17 180.616 383.14 426.40

C A y C A V
0.10730 390.44 409.64 0.44469 364.32 409.74

.14321 386.63 409.36 .51084 360.19 409.82

.180616 383.14 409.22 .81933 342.27 409.94

.32975 371.81 409.42 .99345 332.68 409.74

solutions appear in Fig. 7 where the horizontal scale is more 
expanded. The points from the present work lie within 
0.005% of the smooth curve throughout; those of Shedlov
sky above 0.01 N  are equally close to it; and those of Owen 
and Sweeton show slightly greater departures of up tc 0.03%  
from it. It seems reasonable therefore to assert that the 
conductances, of Table II are reliable within 0.005%, and 
that interpolations carried out on plots of the deviation 
function x  and y  of Table II may be used to determine the 
concentration of any pure hydrochloric acid solution up to 
1 N  from measurement of its conductance, with a similar 
accuracy.

The best procedure to adopt in converting a measured 
specific conductance to a concentration of hydrochloric 
acid is to make successive approximations based on the 
relation

lOOQg.p
A (1)

First assume as a very rough first approximation the 
value A, =  400, and obtain from equation 1 a first approxi
mation cl. Evaluate the quantity

x
158.74x771

1 +  1.316~v%
from Fig. 4, or

y  — 49.5\/ci — 27.9ci from Fig. 5

thus obtaining a better approximation A2, which yields in 
turn from equation 1 a second approximation c2. Repetition 
of this process gives values cf c which converge rapidly to 
constancy, and are reliable to within 0.005%. The process 
may be shortened by one or two stages if the concentration is 
previously known within a few per cent., but even if the 
only information available is the specific conductance and 
the fact that the concentration is not greater than 1 N ,  the 
process does not require more than four successive approxi
mations. Above 1 N ,  as the data of Owen and Sweeton 
clearly show, the specific ccnductance is less useful as a 
measure of concentration; it passes through a flat maxi
mum at about 6 N , and near this concentration it is quite 
useless. If it is necessary to analyze such solutions they 
should be diluted to below 1 N  before measurement of the 
conductance. If weight-concentrations rather than volume- 
concentrations are required, the density at 25° may be 
computed with the necessary accuracy by the equation12

d =  0.99707 +  0 .00490«)

where d is the density in g. ir.l.-1 and w  is the percentage of 
hydrogen chloride by weight.

Tests of Theories of Concentration Dependence of Con
ductance.— The quantitative interpretation of conductance 
data in dilute solutions involves the calculation of the 
electrophoretic effect and the relaxation effect from the 
ionic distribution function and the expression for the poten
tial near an ion. The result can be written in the general 
form

A = (A° - / , ) ( !  — /i) (2)

In Figs. 4 and 5 the x  and y  values of Table II are plotted 
along with the values derived from the work of Shedlovsky1 
and of Owen and Sweeton.2 These comparisons are made 
only for solutions from 0.01 N  upwards; the more dilute

(12) From data in “ International Critical Tables,”  Voi. I ll, M c
Graw-Hill Book Co., New York, N. Y., 1928, p. 54. The data of H. 
E. Wirth, J. Am. Chem. Soc., 62, 1118 (1940), are more accurate and 
convenient as the density at varie us molar concentration is given.
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c, mole 1. *.
Fig. 5.— Interpolation function for the conductance of 

hydrochloric acid at 25° in the range 0.1—1 N :  y  =  A +  
49.5 V c  +  27.9c; O, this work; Owen and Sweeton, 
ref. 2.

c, mole 1.-1.
Fig. (i.— Fuoss-Onsager extrapolation for hydrochloric 

acid at 25°: A" =  A +  S  \ 'c  — E c  log c — J c ;  S  =  
158.68, E  =  206.3, J  =  606.

where f 2 gives the electrophoretic effect and f ,  is the ratio of 
the relaxation field to the applied field.

The following discussion of these two effects refers to the 
case of 1:1 electrolytes only.

Onsager’s original limiting theory gives

fr/\‘71 (3 V 2 -{- 6)
a n d

h  = (E*/ZtvN)k

These values on multiplying out (2) and neglecting the 
cross-product/i/i give the Onsager limiting law

A =  A» -  (B,A° +  B,) Vc =  A» -  S  V c  (3)
For 1:1 electrolytes in water at 25°, with r expressed in 
mole liter-1 and A in cm.2 ohm-1 equiv.-1, B , =  0.2300 and 
B -2 =  60.65. Hence, with most 1:1 salts, where A0 =  100 
to 150 units, the electrophoretic term is responsible for 
most of the observed change, being about twice the magni
tude of the relaxation term. For acids on the other hand, 
where A0 ~  40C units, the relaxation term is the larger. 
The conductance of hydrochloric acid therefore provides a 
particularly good test of theories of the relaxation effect.

In recent years there have been several attempts to ex
tend the range of validity of the theory by replacing the 
point-charge model of Onsager by a model in which the 
ions are treated as hard spheres of effective diameter a. 
In the case of the electrophoretic effect this is not difficult, 
and leads to the result

f-2 =  (FVSirrpV) j - * ^  (4)

when the standard Debye-1 fiickel potential is employed.13 16 
Pitts,17 employing tire Gronwall-La Mer-Sandved18 ex

(13) H. Falkenliagen, M. Leist and G. Kelbg. Ann. Physik, [0] 11, 
51 (1052).

(I l) R. II. Stokes, J. Am. Chem. Hoc.. 76, 19S8 (1934); R. A. Robin- 
son and R. H. Stokes, ibid., 76, 1991 (1954).

(15) R. M. Fuoss and L. Onsager, Proc. Nall. Acad. Sei., 41, 274 
(1955).

(16) R. M. Fuoss and L. Onsager, J. Phys. Chem., 61, 668 (1957).
(17) E. Pitts, Prcc. Roy. Soc. {London), 4217, 43 (1953).
(18) I. H. Gronwall, V. K. La Mer and K. Sandved, Physik. Z., 29, 

3508 (1928).

pression for the potential, obtained the result (4) plus a 
small additional term of order c, and Mirtskhulava19 almost 
simultaneously gave a similar treatment.

The relaxation term has proved less tractable. Falken- 
hagen, et a l . ,13 made the first attempt, but later work showed 
that their treatment lacked a transcendental term involving 
the exponential integral function, which remains important 
even at low concentrations. Robinson and Stokes14 com
bined an approximate form of the Falkenhagen expression 
with equation 4 to yield the equation

A =  Ao -  S  Vc/(1 +  «*) (5)
which gives a useful f ±  0.1%) but not exact account of con
ductance for fully dissociated 1:1 electrolytes up to about 
0.1 N  with reasonable choices of the parameter a . The 
deviation-function x  shown in Fig. 4 is in fact merely a 
transposition of equation 5; if the equation were exact, x  
would have the constant value A°. The sharp rise in the 
region below 0 .005A7 16 is due to the neglect of the higher trans
cendental terms in the relaxation field expression.

Pitts17 18 in 1953 gave the first full treatment of the relaxa
tion effect for finite ion size; he evaluated the transcendental 
terms and expressed them as functions of ko in tables. His 
complete equation including both the relaxation effect and 
the electrophoretic effect may be written

A =  A° — P ,  -  P2 — P 3 +  P„ (6)

where P, = B , A°y/c

( 1  +  k a )  ( 1  +  k o /  V2) ' P2 = B 2 Vc

1 +  Kffl

P3 = &2(«a)2iSi/3; P i  =_  b P 2 KO, r / y /2  ~  1
3 L \ V 2 + L) +<o/ J

b =  e2/(e k T a ) ;  and S , and T , are functions involving 
in te r  a lia  three terms containing exponential integral func
tions, and are tabulated for «a =  0.02 to *a =  0.50 at 
intervals of 0.02 in Pitts’ Table I. In using Pitts’ equation, 
it is_more convenient to have values of (k<z)2«Si/ 3 and na/ 3 X 
[V2 — 1 /a/2  +  mz +  T ,] .  These are given in Table III, 
and make calculations by equation 6 fairly straightforward.

Fuoss and Onsager15-1« in 1955 gave a very similar treat
ment, but used the standard Debye-Hiickel expression for 
the potential. Their equations also contain transcendental 
terms derived from exponential integral functions, but ow
ing to differences in the methods of presentation it is not 
easy to point out specific differences between their result 
and that of Pitts. The Fuoss-Onsager treatment has been 
further expounded by Fuoss and Accascina in a book20 
which gives more detail, and replaces the exponential 
integral functions by series expansions which give a term in 
ka  In (sa) in the final conductance expression. In this sim
plified version, the Fuoss-Onsager equation is written

A =  A0 — £ s/c +  E c  log c  +  J c  (7)
where «S' is the coefficient of the Onsager limiting law; E  is a 
coefficient calculable from A0 and solvent properties; the 
linear coefficient J  is calculable from A0, solvent properties, 
and the ion size parameter a . Both Pitts’ and Fuoss and 
Onsager’s equations are expected to hold up to ko =  0.2; a 
comparison of their predictions for hydrochloric acid follows.

In Fig. 6, equation 7 is employed to evaluate A0 from the 
data of Table II. The value o =  4 A. is selected to make J  
=  606, since this value makes the extrapolation-function

A " =  A0i„. -f  S  y/c — E c  log c  — J c  (7a.)

constant up to about 0.004 N .  The values «S =  158.68 and 
E  =  206.3 were computed from the equations given by 
Fuoss and Accascina,20 using as a “trial value”  of A0 Shed- 
lovsky’s figure A0 =  426.16. The resulting final value for A0 
is 426.50. The range of good lit of equation 7 is however 
disappointingly small; the concentration 0.004 N  corre
sponds only to na =  0.083, and thereafter departures from 
the theory arc rapid.

In Fig. 7, another value of J  is tried in an attempt to 
obtain a slightly worse fit. over a wider range with equation 7; 
with ./ =  562 the deviations do not exceed 0.03% up to 
0.012«V («to =  0.12) but they are clearly not random, the 
quantity A " displaying marked curvature. In the ex
pectation that this curvature might arise from the neglect

(19) I. A. Mirtskhulava, Zhur. Fiz. Khim. {USSR), 27, 840 (19 53).
(20) R. M. Fuoss and F. Accascina, “ Electrolytic Conductance,” 

Interscience Publishers, New York, N. Y., 1959.



July, 1961 T he Conductance of Hydrochloric Acid at 25 1247

T a b l e  III
T r a n s c e n d e n t a l  F u n c t i o n s  o f  E q u a t i o n  6

Ka 10»MtSi/3 L \/2 — \a
0.02 0.0735 0.00998

.04 . 2072 01671

.06 .3693 02224

.08 . 5342 .02701

.10 . 6997 .03152

.12 .8575 .03566

.14 1.0030 .03904

.16 1.1465 .04242

.18 1.2702 .04532

.20 1.3852 .04831

.22 1.4886 .05061

.24 1.5813 .05346

.26 1.6634 .05616

.28 1.7360 .05854

.30 1.7994 .06069

of terms of order c3A in the numerous series expansions 
involved in obtaining equation 7 from the more exact form, 
the full expression given by Fuoss and Onsager (equation
7.7 of ref. 16) also was tried: the value a  =  4 A. gave a 
somewhat better fit, but curvature was still apparent, and 
the limit of fit within 0.03% was extended only to 0.015

On the other hand, Pitts’ equation 6 holds within ex
perimental accuracy up to 0.02 N , the average deviation of 
the function

A " 1 =  A - j-  P i  - f-  P2  +  P 3  — P4

from the constant value A0 =  426.50 being only 0.005% up 
to 0.02 N , as shown in the lower part of Fig. 6. The value 
of a  needed in this case is 3.67 A. Furthermore, Pitts’ 
equation continues to give a very good representation of the 
conductance up to 0.1 N ; the deviations are only 0.05% at 
0.05 N  and 0.37% at 0.1 N .  It is difficult to see why Pitts’ 
equation should show such marked superiority, for the 
only essential difference between his treatment and that of 
Fuoss and Onsager lies in his use of the Gronwall-La Mer- 
Sandved potential expression, and experience with the 
application of this expression to activity data shows that for 
strong 1:1 electrolytes in water the differences between its 
predictions and those of the Debye-IItickel potential expres
sion can be accommodated by small changes in the a  param
eter. Conductance data, because of their higher precision, 
are of course a more severe test than activity data.

The whole of this critique of the fine structure of conduct
ance theory is based on the quantitative interpretation of 
very small differences; in this connection the writer treasures 
a letter written by a well-known firm of electrical instru
ment manufacturers, in which the manager “ does not 
imagine that any conductance measurements on solutions 
could require an accuracy greater than ± 0 .5 % .” If this 
wore only true, how simple conductance theory would be!

The earlier data for hydrochloric acid below 0.006 .V are 
shown in Fig. 8, where the function plotted is A of equation 
7a . Their scatter (0.06%) is such that no significant 
comparison of the theoretical equations is possible; the 
superior smoothness of the present results, as well as their 
close correspondence with the theoretical equations, are 
reasonable justification for preferring them.

Grateful acknowledgment is made of the assistance of 
Ur. II. A. Robinson, and in particular of his moral support 
during that baffling stage of the work before the importance 
of errors due to the Soret effect was realized, when it seemed

c.
Fig. 7.— Tests of the Fuoss-Onsager and Pitts equations 

for hydrochloric acid at 25°: X , full Fuoss-Onsager func
tion (eq. 7.7 of ref. 16, with a =  4 A.); ®, equation 7a, this 
paper, with J  =  562; O (upper diagram), equation 7a with 
./ = 606; O (lower diagram), Pitts function (eq. 6a of this 
paper) with a =  3.67 A.

Pig. 8.—-Comparison of conductance data for hydro
chloric acid at 25° in dilute solutions: 0 ,  this work; O,
Owen and Sweeten, ref. 2; ®, Shedlovsky, ref. 1. The
function plotted is A " of equation 7a, t.e., the Fuoss- 
Onsager extrapolation function with J  = 606.

that the results depended on the weather. (In fact, this 
was the case; one gets a different result on putting a cell 
into the 25° thermostat on a cold day from that on a hot 
day, unless the Soret effect, is eliminated.)
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The association of iron(III) ions with chloride ions and the kinetics of the electron exchange between iron(II) ions and 
the chloride complexes of iron(III) ions have been studied in H20  and D20 . From spectrophotometric measurements the 
equilibrium constant, K h for the reaction Fe3 + +  Cl-  FeCl2+ is 2.0 times larger in D20  than in H2(). The value of /v’ r 
(HjO) is 4.4 and Afli(H20) is 5.0 kcal. mole-1 at 25° and an ionic strength of 0.50. A small difference in the temperature 
coefficient of K ,  is found in the two solvents. The exchange reaction between FeCl2 + and Fe2+ proceeds 2.5 times more 
rapidly in H20  than in D20 . The kinetic isotope effect is nearly the same as that found in the Fe2+ to Fe3+ and Fe2+ to 
FeOH2 + exchanges. The isotope effects are discussed in terms of an electrostatic model.

Introduction
The electron exchange between ferrous and ferric 

iron in acid perchlorate media goes through two 
paths, one involving ferric ion, the other hydrolyzed 
ferric ion. The specific rate of the second path is 
about 1000-fold greater than that of the first.2 
It was suggested3 that the exceptional reactivity of 
FeOH++ might derive from the operation of a 
hydrogen atom transfer mechanism in this path, 
and that this idea might be tested by measure
ments in heavy water. Such measurements were 
carried out,4 with the finding that both paths are 
slowed down equally in D20. Hence it was con
cluded that the intervention of a hydrogen atom 
transfer mechanism does not account for the special 
reactivity of the hydrolyzed ion. On the other 
hand, since both reactions are retarded by a factor 
2 in D20, it was suggested that hydrogen atom 
transfer may prevail in both.

When chloride is present, the rate law indicates 
that additional reaction paths come into play.2 
In these, ferrous ion reacts with the chloride com
plexes of ferric iron. The present work was under
taken to ascertain whether a I)20  effect would be 
found in these reaction paths. If the exchange with 
the chloride complexes proceeds via an activated 
complex with a chloride bridge, D20  might have a 
quite different effect than it does on the other re
actions which may involve water or hydroxyl bridg
ing.

We have made rate measurements in D20  
media containing chloride. To analyze the ki
netic data it was necessary to have information 
about the equilibria, so measurements on the 
complexing of ferric iron by chloride ions in l i 20  
and D20  were carried out.

Experimental
Materials.—The ferrous perchlorate was obtained from 

the G. Frederick Smith Chemical Co. and purified by re
crystallization from perchloric acid. A stock solution of 
ferric perchlorate for use in the spectrophotometric meas
urements was prepared from the recrystallized ferrous per

(1) (a) Research performed under the auspices of the U. S. Atomic
Energy Commission: (b) Presented in part at the 136th meeting
of the American Chemical Society, Atlantic City, New Jersey, 1959.

(2) J. W. Silverman and R. W. Dodson, J. Phys. Chem., 56, 846 
(1952).

(3) R. W. Dodson, J. Phys. Chem., 56, 852 (1952); R. W. Dodson 
and N. Davidson, ibid., 56, 866 (1952), remarks in discussion at the 
1952 ACS Symposium at Notre Dame.

(4) J. Hudis and R. W. Dodson, J. Am. Chem. Soc., 78, 911 (1956).

chlorate by fuming with perchloric acid. The iron was 
estimated spectrophotometrically as the tris-(2,2'-dipyr- 
idine) complex according to the procedure of Moss and Mel
lon.5 The perchloric acid (70%) and the hydrochloric acid 
(37.8%) were obtained from the J. T. Baker Chemical Co., 
and were standardized by titration with sodium hydroxide. 
The heavy water (>99.7% D20) was obtained from the 
Stuart Oxygen Co., San Francisco.

For the kinetic measurements a stock solution of ferric 
perchlorate was prepared from a hydrochloric acid solution of 
Fe66 according to the procedure of Silverman and Dodson.2 
This method involves the extraction of iron(III) chloride 
into isopropyl ether, back-extraction into water and re
peated precipitations of ferric hydroxide with ammonia. 
The ferric hydroxide then was dissolved in perchloric acid 
and standardized.

Procedure.—The equilibrium was studied spectrophoto
metrically according to the procedure described by Rabino- 
witch and Stockmayer.® The spectra were measured on a 
Beckman DU spectrophotometer with 1 cm. Corex cells. 
The spectrophotometer was fitted with a circulating thermo
stat. Measurements were made in the 330-400 mp range, 
at temperatures ranging from 16.5 to 35.5°. In a given 
series of measurements the chloride concentration was kept 
constant while the iron(IIl) concentration was varied. 
The spectra of the solutions containing added chloride were 
measured against solutions of the same iron(III) and hydro
gen ion concentrations. In all cases the ionic strength of the 
solution was adjusted to 0.50 with perchloric acid.

The solutions in heavy water were prepared by adding 
D20  to relatively concentrated solutions of the reagents in 
II20 . The I),0  content of the final solution was ~ 9 7 % .

The experimental procedure followed in the kinetic meas
urements was similar to that used in previous work.2 The 
reaction was quenched by complexing the ferrous ion with 
2,2'-dipyridine. The iron(III) then was precipitated as 
ferric hydroxide with ammonia; and the activity of the 
precipitate was measured with a proportional counter. 
The procedure was checked by measuring the exchange 
rate in H20 . The Silverman and Dodson values were 
reproduced to within 2% .

Results
Equilibrium Studies.—The absorbances of the 

solutions in H20  and D2Q at different iron(III) 
concentrations and temperatures are presented 
in Tables I and II. The spectra of these solutions 
are similar and show a broad maximum at 336 m,u. 
As a first approximation the absorbance will be as
sumed to be due solely to the species FeCl2+. From 
the relations A = ei(FcCl2+) and K r =  [(FeCl2+) /  
(Fe3+)(C1- )], it follows that

(Fe3+)(C1~)0 1 , (Fe3+) . . .
A  e j l  t +  e, U '

(5) M. L. Moss and M. G. Mellon, Ind. Eng. Chem., Anal. Ed., 14, 
862 (1942).

(6) E. Rabinowitch and W. Stockmayer, J. Am. Chem. Soc., 64, 
335 (1942).
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In these expressions A is the measured absorbance, 
ei the extinction coefficient of FeCl2+, and (Cl“ )o

T a b l e  I

A b s o r b a n c e s  i n  H20  a t  a n  I o n ic  S t r e n g t h  o f  0.50 a s  a  

F u n c t i o n  o f  I r o n ( I I I )  C o n c e n t r a t i o n  a n d  T e m p e r a 

t u r e ; ( C l ~ ) 0 =  2.00 X  10~ SF

T,
°C.

F e (III) 
F X  103 330 336 340

—  X m/i— 
350 366 380 400 '

16.5 21.56 0.237 0.240 0.234 0.197 0.113 0.055 0.015
19.40 .218 .226 .217 .182 .104 .052 .013
17.25 .195 .198 .194 .162 .092 .045 .012
15.09 .171 .173 .170 .142 .081 .041 .011
12.94 .148 .150 .146 .123 .068 .033 .009

8.624 .100 .101 .099 .083 .047 .023 .006
20.8 21.56 .260 .265 .259 .220 .126 .064 .018

19.40 .242 .245 .239 .203 .117 .059 .017
17.25 .214 .217 .213 .180 .103 .051 .014
15.09 .188 .191 .187 .157 .091 .046 .012
12.94 .163 .166 . 162 .137 .078 .038 .010
8.624 .110 .111 .108 .092 .053 .025 .007

25.0 21.56 .286 .292 .285 .244 .143 .072 .021
19.40 .265 .269 .264 .224 .130 .066 .018
17.25 .237 .240 .235 .200 .115 .059 .016
15.09 .209 .211 .208 .177 .103 .052 .015
12.94 .181 .183 .180 . 152 .087 .044 .012
8.624 .121 . 124 .121 .103 .059 .030 .008

29.6 21.56 .318 .325 .319 .273 .160 .083 .024
19.40 .293 .299 .294 .250 .147 .076 .022
17.25 .261 . 266 .261 .224 .130 .067 .018
15.09 .230 .234 .231 .198 .116 .060 .017
12.94 .202 .205 .201 .172 .100 .050 .014
8.624 .135 .139 .136 .116 .068 .035 .010

35.5 21.56 .362 .371 .366 .316 .188 .099 .030
19.40 . 335 .341 .337 .288 .172 .091 .026
17.25 .301 .307 .301 .259 .154 .079 .023
15.09 .265 .270 .266 .230 .137 .071 .021
12.94 .232 .237 .233 .200 .118 .062 .018
8.624 .157 .160 .158 .132 .081 .043 .013

T a b l e  I I

A b s o r b a n c e s  i n  D20  a t  a n  I o n ic  S t r e n g t h  o f  0.50 a s  a  

F u n c t i o n  o f  I r o n ( I I I )  C o n c e n t r a t i o n  a n d  T e m p e r a 

t u r e ; ( C l - ) o  =  2.00 X 10_3F
T, F e (III)  ------------------------------------X mß-

°C. F X 103 330 336 340 350 366 380 400
16. 5. 21. 56 0.566 0.573 0.566 0.484 0.279 0.140 0.039

17. 25 .465 .476 .470 .401 .231 .144 .033
12. 94 .363 .372 .365 .311 .181 .092 .027
8. 624 .249 .254 .250 .212 .122 .060 .019
4. 312 .128 .131 .128 .110 .064 .032 .009

20. 8 21. 56 .607 .622 .610 .523 .303 .153 .043
17. 25 .500 .515 .504 .433 .251 .125 . 036
12. 94 .388 .399 .392 .334 .196 .100 .031
8. 624 .267 .273 .268 .230 .132 .068 .020
4. 312 . 137 . 141 . 138 .119 .069 .034 .010

25. 0 21. 56 . 659 .679 .666 .574 .337 .171 .049
17. 25 . 543 . 560 . 550 .472 .277 .141 .040
12. 94 .424 .436 .429 .368 .216 .113 .034
8. 624 .292 .300 .295 .253 .148 .077 .024
4. 132 . 150 . 153 .150 .130 .075 .039 .011

29 .6 21.56 .716 .741 .730 .630 .373 .194 .057
17..25 .592 .609 .601 .519 .308 .157 .047
12..94 .461 .474 .467 .406 .241 .126 .038
8 .624 .321 .329 .325 .280 .168 .087 .026
4 .312 .165 .170 .168 .145 .087 .044 .013

35 .5 21 .56 .805 .831 .818 .716 .432 .225 .069
17..25 .668 .691 .683 .597 .358 .188 .059
12..94 .519 .539 .534 .463 .280 .147 .046
8..624 .361 .373 .369 .321 .195 .103 .032
4..312 .188 .195 .193 .168 .101 .054 .015

the total concentration of the chloride ion. If 
[Fe(III) ] > >  (Cl-)o equation 1 becomes 

[Fe(III)] (Cl-)o 1 , [Fe(III)]
a ~ 7 K +  (2)

where [Fe(III)] is the total concentration of ferric 
ion.

Approximate values of ti and K x were determined 
by plotting [Fe(III)](Cl“ %/A vs. [Fe(III) ]. The 
values of K x obtained then were used to calculate 
(Fe3+) from the relation

[Fe (III)] =  (Fe3+) [1 +  A , (Cl“) +  (Ah/(H+))] (3)

where A h is the hydrolysis constant of the ferric ion. 
The measured absorbances also were corrected for 
differences in the ferric ion concentration of the 
chloride-containing solution and of the blank solu
tion using the approximate values of K x and ei and 
the relation

4 i + <fFI _
Ah _  es _  eiKh

(H+) e, il(H+)]

where e2 is the extinction coefficient of the hy
drolyzed ferric ion and e3 that of the ferric ion.7’8 
The values of Ah, e2 and e3 were assumed to be the 
same in D 20  and H20 4. The slopes and intercepts 
of plots of (Fe3+)(C l_)oA4corr. vs. (Fe8+) then were 
obtained by the method of least squares. Plots of 
the data in H20  and D 20  at 336 rn/i and 25° are 
shown in Fig. 1.

While this procedure gives good values for the 
product eiKi, data of very high precision are re
quired to evaluate ei and K x separately.

Extinction Coefficients.—The extinction coef
ficients, particularly those at the longer wave 
lengths, showed some variation with temperature. 
At 350 m/j no systematic variation of the extinction 
coefficient with temperature was observed, and in 
treating the data we have assumed the extinction 
coefficient at 350 niju to be temperature inde
pendent. This assumption, although somewhat 
arbitrary, is consistent with the measurements of 
Lister and Rivington9 on the effect of tempera
ture on the extinction coefficients of FeSCN2+. 
They found that with increasing temperature, the 
extinction coefficient at the maximum (460 mfx) 
decreased 1% in 10° while at 520 npi it increased 
4%. In the same temperature interval, the ex
tinction coefficient at ^485 m^ did not change 
significantly.

In order to obtain a self-consistent set of ex
tinction coefficients, values of the extinction coef
ficient at 350 mfi were calculated by multiplying 
the extinction coefficients at 330, 336 and 340 mjti 
(and 366 m,u in D 20) by the ratio of the absorbances 
at 350 m/i to those at these wave lengths. The 
average values of the extinction coefficients at 350 
m/x obtained in this way are 1.44 ±  0.15 X 103 
in H20  and 1.85 ±  0.15 X 103 in D20. The value 
in HoO is in excellent agreement with that reported 
by Connick and Coppel.10 From these values of 
the extinction coefficient at 350 m/i, the extinction 
coefficients at the other wave lengths were calcu
lated from the ratio of the absorbances at these 
wave lengths to that at 350 m,u. The extinction

(7) R. M. Milburn and W. C. Vosburgh, J. Am. Chem. Soc., 77, 1352 
(1955).

(8) R. C. Turner and K. E. Miles, Can. J. Chem., 35, 1002 (1957).
(9) M. W. Lister and D. E. Rivington, ibid., 33, 1572 (1955).
(10) R. E. Connick and C. P. Coppel, J. Am. Chem. Soc., 81, 6389 

(1959).

oorr. — 7=

L1 +
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coefficients calculated in this manner arc presented 
in Table III.

T a b l e  I I I

E x t in c t io n  C o e f f ic ie n t s  ( X  10~3) o f  FeCl2+ in  H20  a n d

ü ,o
T, -----------------------------------X niju-
°c Solvent 330 »36 340 150 366 380 400

10. 5 H20 1. 73 1. 76 1..72 1.44 0. 82 0. 40 0. 11
DsO 2. 10 2. 21 2. 17 1 .85 1. 07 0. 54 0. 16

20. 8 H 2O 1. 71 1. 74 1..70 1.44 0..83 0. 41 0. 11
D 2O 2 .15 2..20 2 .16 1.85 1 .07 0. 54 0. 16

2“, 0 H 2O 1 .70 1..73 1 .69 1.44 0..83 0 .42 0. 12
D 20 2 .13 2 , 19 2 . 15 1.85 1 .08 0 .56 0. 16

29 . 0 H 2O 1. 68 1. 71 1..68 1.44 0. 84 0. 43 0. 12
D 2O 2. 11 2. 17 2., 14 1.85 1 .10 0 .57 0. 17

35 . 5 H 2O 1..66 1. 70 1..07 1.44 0. 85 0. 45 0. 13
D 2O 2 .08 2 .15 2 .13 1.85 1 .12 0 .59 0. 18

Equilibrium Constants.— The equilibrium con
stants calculated from the extinction coefficients 
listed in Table III and the intercepts from the least

T a b l e  I V

C o m p a r is o n  o f  Sp e c t r o p h o t o m e t r ic  E s t im a t e s  o f  t h e  
FeCl2 + A s s o c ia t io n  i n  H20  a n d  D»0 a t  25° a n d  To n ic  

St r e n g t h  o f  0.50

A V

AG10 
keal. 

mole ~1

AHi 
keal. 
mole -1

A/Si 
cal. 

deg. ‘ 
mole “

-1

1 Source
4.6 - 2 .1 8.56 35 Rabinowitch and Stockmayer1
5.3 - 2 .2 01erupc

G. 0’1 Connick and Coppel11
2.6 - 1 . 8 3.8“ 19 Coll, Nauman and West^
4.4 - 2 .1 5.0« 24 This work
S.7h 4.2« This work

a K 1
w as correc ted  to M = 0.50 and T  =  25° using the

Rabinowitch an! Stockmayer semi-empirical relation be
tween 2a, and // and our value of A22,. b /i — 0.61. ' II. 
Olerup, S vensk . K ern. T id sk r ., 55, 324 (1943). d /i = 1.38. 
’  ij. =  3.0. '  H. Coll, R. V. Nauman and P. W. West,
.7. A m . C hem . Sor.., 81, 1284 (1959). « M =  0.50. h In D2().

squares treatment are presented in Table IV to
gether with the values of 7ii(H20) obtained by 
other investigators. Table IV also includes values 
of AGi°, Af/i and ASi. AHj was calculated from a 
plot of log A’i vs. (1 / T )  and AGi° from the cquili- 
brium constant corrected to zero ionic strength using 
the semi-empirical relation6

login 7a' i(m =  0) =  log», 7ai(m) +  , -  0.295/1
I T  1 . 0 / 1  vs

The values of A//, reported by Rabinowitch and 
Stockmayer and by Conniek and Coppel were 
determined at 400 and 370 mn, respectively, and 
are based on the assumption that the extinction 
coefficients at these wave lengths are temperature 
independent. Our data show that this assumption 
is not, in general, a good one, and is particularly 
poor at 400 ni/x. Indeed the higher values of AH 1 
reported can be largely accounted for in terms of the 
increase in the extinction coefficients with tem
perature. A value of A H i  =  4.3 keal. mole-1 deter
mined by a potentiometric method in H2Ou is 
further evidence that the earlier spectrophotometric 
determinations are too high. The value of A H  is 
very sensitive to the assumptions made about the 
temperature dependence of the extinction coef
ficients. If the extinction coefficients at 336 m/i 
are temperature-independent, a value of A l l ,  =  4.7 
keal. mole-1 would be obtained in H20, instead of

the 5.0 keal. mole-1 which is found when tempera
ture independence at 350 m/i is assumed. With the 
temperature dependence of e at 370 m/i found in the 
present work, the data of Connick and Coppel give 
a A H i  of 5.5 keal. mole-1, in closer agreement with 
our value. The difference between the values of 
A77i(H20) and A771(D20) is just outside the ex
perimental error of the measurements.

Kinetic Studies.—The effect of chloride ion on 
the rate of the Fe(II)-Fe(III) exchange in H20  
has been investigated by Silverman and Dodson. 
Their measurements can be described in terms of 
the rate law:
R  =  *,(Fei+ )(Fe3+ ) +  fe,(Fe2+ )(FeOH2+ ) + fc’(Fe2+ )(FeCl2+ )

+  7c"(Fe2+)(FeCl2+)

from which it follows that 
*[14- K i(Cl- ) +  K ,K ,(Cl- )2] -  C 

(Cl- )
k 'K 1 +  k ',K 1K«JC\-) (5)

where k is the over-all second order rate constant 
in the presence of chloride ion, and ka the rate con
stant in the absence of chloride, both at the same 
acidity, k '  and k "  are the rate constants for the 
reaction of Fe2+ with FeCl2+ and FeCl2+, respec
tively. K i  is the equilibrium constant for the 
reaction FeCl2+ +  Cl-  =  FeCl2+. Hence, pro
vided K i  and K 2 are known, k '  and k "  can be cal
culated from the intercepts and slopes of plots of

*[1 +  Ab(Cl- ) +  Ta.AVCI- )2] -  h  
----------------------- ffiffi)-----------------------(C1 1

The dependence of the Fe(II)-(Fe(III) exchange 
rate on the chloride ion concentration in D20  is 
given in Table V. It will be seen that the rate 
increases with increasing chloride concentration. 
Plots of the data in H20  and D20  are shown in 
Fig. 2.

T a b l e  V

R a t e  D e p e n d e n c e  o x  C h l o r id e  C o n c e n t r a t io n  i n  D 20  
a t  a n  I o n ic  St r e n g t h  o f  0 .5 0 ;

Fe(II) = 3.704 X U)->A, Fe(ITI) =  1.059 X 10-JF
T. °C. (Cl-), F Î1/ 2, sec. k, F 1 sec. 1

10 0 798 1.82
0.047 544 2.68

. 121 344 4.23

.212 235 6.20

.300 188 7.60

.353 168 <S. 67

.170 137 10.0
20 0 302 4.82

0.017 230 6.33
.121 138 10.6
. 242 108 13.5
.353 87 16.7

In order 1ri determine the values of k ’ and k "  in
H20, Silverman and Dodson used the values of K , .  
K i ,  AHi and AH2 reported by Rabinowitch and 
Stockmayer. Since our measurements show that 
this value of A H i  is too large, it is necessary to 
recalculate k '  and k " .  We have not determined /V, 
but since our value of KiitFO) agrees well with that 
of Rabinowitch and Stockmayer, we will use their 
value of /v2(H20) at 25°. The isotope effect on A _ 
probably is not as large as that on A', and wc shall
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assume it to be 1.5. In addition we shall assume 
that the temperature dependence of K 2 is the same 
as that of Ky. The values of k' and k" together 
with the activation energy determined from a 
plot of log k' vs. (1 /T) is shown in Table VI. The 
values of A$* calculated from the expression 

p R Tk =  -V  -  gA,S*//ie -i ia c t ./«TNh
are also included in this table. In view of the 
uncertainty in the values of k" we do not feel justi
fied in calculating an activation energy or isotope 
effect for the exchange path involving FeCl2+. 
The difference in the activation energy of the ex
change path involving FeCl2+ in FI20  and D20  lies 
within the experimental error of the measure
ments.

Discussion
The D20  eifect gives no obvious indication of 

differences in the mechanism of the exchange of 
ferrous ions with Fe3+, FeOH2+ and FeCl2+.

The possibility remains that all three reactions 
proceed via a hydrogen atom transfer mechanism. 
However, this is not very likely for the following 
reasons (1) The equilibrium isotope effect is 
of the same order of magnitude as the kinetic ef
fects originally taken as support for hydrogen atom 
transfer. The equilibrium does not involve any 
net hydrogen atom or proton transfer. (2) Kinetic 
isotope effects of similar magnitude occur in other 
oxidation-reduction systems which do not seem to 
involve hydrogen atom transfer.

In a general way, the isotope effects arise from 
differences in the free energies of solvation in the 
two solvents. Obvious factors to be considered 
are the interactions of the coordinated water mole
cules or hydroxide ions with the ions, the release of 
water molecules to the bulk solvent, or their re
moval, and the “ structure breaking”  action of the 
various species in relation to the differing degrees 
of structure in the two solvents.

T a b l e  V I

C a t a l y s is  of th e  F e(II) -F e(III) E x c h a n g e  R e a c t io n  by  
C h lo r id e  I ons

, "C.
k'

/<’ -i sec.'1
AG*

kcal, mole-1 kcal, mole-1
AS*

cal. deg.-1 
mole -1

H ,0
0 5 .4
10 1 0 .9
20 22 .8 11.5 15.3 -  15.0

n 2o
10 4.1
20 C .l 13.2 15.0 - J O .2

Bigeleisen lias pointed out12 that with highly 
charged positive ions, the action of the coulomb 
field on the hydrogen-oxygen bonds of the water 
molecules in the first coordination spheres may be 
of considerable importance. The positive charge 
repels the protons, thus tending to weaken the O-H 
bonds. From the usual zero point energy con-

(11) E. L. King, M. J. M. Woods and P. K. Gallagher, as pre
sented at the 136th meeting of the American Chemical Society, At
lantic City, New Jersey, 1959.

(12) Private communication from J. Bigeleisen, see also J. Bigeleisen, 
J. Chem. I ’hys., 32, 1583 (1960).

(F e3+), F  X  103.
Fig. 1.— Variation of (Fe3“ ) (C l_)o /A COrr. with ferric ion 

concentration: • in D 20 ;  O in H20 .

Fig. 2. -Analysis of the chloride ion catalysis of the ex
change reaction: • in F L O ; O in H>0.

siderations, a reaction which tends to weaken the 
bond will be favored with hydrogen, as compared 
with deuterium.

By considering the differences in the frequencies 
of the internal stretching vibrations of a water 
molecule in the inner coordination sphere of a 
cation and in the bulk solvent, Bigeleisen12 has 
calculated that the inner sphere complex formed 
between a tripositive cation and a singly charged 
anion will be more stable in D20  by 340 cal./mole. 
This is an appreciable part of the increased stabil
ity of FeCl2+ in D20. In a similar way, the reac
tion of two positive ions to form an activated com
plex containing water will be favored in 1FO, 
which is the general trend observed.

Equilibrium Isotope Effects.--The ('fleet of D20
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on a number cf equilibria is shown in Table VII. 
Reactions (1) and (3) are both favored in D 20. 
In the iron (III) reaction the present argument at
tributes most of the D 20  effect to the strengthen
ing of the OH bonds when the charge on the cation 
is reduced from three to two. It is expected that 
the D20  effect is less for the cobalt(III) reaction 
since there is only one coordinated water molecule 
instead of the six presumed to be on the ferric ion. 
Also the weakening of the OH bond in the (NH3)5- 
Co2H 0 3+ ion is less than in the Fe(H20) 63+ ion, 
since it is a much weaker acid by a factor of 103.13

T able VII
D 20  E ffects on V arious E quilibria

Equilibrium
K  (1 HO) 
X(H«0) Reference

1) (H20 )8FeH20 3 + +  Cl,,. -  y  
(H20 )6FeCl2 + +  HsO 2 .0 This wof

2) (H20 )6FeH20 3 + vA
(H20 )6FeCH2+ +  I W  + 1 0 4

3) (NH3)6CoH20 3 + +  CU,,.- 
(NH3)5CoCI2 + +  II20 1.5 a

4) (NH3)5CoH2G3+ ui
(NH3)5CoOH2+ +  Haq.+ 1 /1 .5 b

° H. Taube, J . A m . ('h em . S oc., 82, 524 (I960). 6 I). J. 
Bcarcroft, D. Sebera, A. Zwickel and H. Taube, to be pub
lished.

The hydrolytic reactions, (2) and (4), cannot be 
discussed directly on the foregoing basis because 
of the appearance of the aquated proton. This 
difficulty may be partially circumvented by rewrit
ing the reactions so as to have hydroxide displacing 
the coordinated water. For substitution by hy
droxide, the K (D20 ) / ( K (I120) ratios become 6.5 for 
the iron(III) and 4.5 for the cobalt(III). Again 
the effect of the anion is to favor the reaction in D 20  
and again the effect is less with cobalt than with 
the iron. The fact that the effects with hydroxide 
are about three times as large as with chloride 
show that the specific properties of the anion, 
which are doubtless important both when it is 
aquated and when it is in the complex cannot be 
ignored. The problem of the aquated anion dis
appears when we consider reaction (6) which repre
sents the exchange of hydroxide for chloride be
tween the two positive ions.
(H2())5FcOH2 + +  (NH3)6CoC12 + (H20 )8FeCl2 + +

(NH3)6CoOH2+ (6)
The simple electrostatic arguments would say that 
the A (D 20)/A '(H 20) ratio for this reaction should 
be unity. By combining reactions (1) to (4) this 
ratio is found to be 0.9, which is rather close to 
unity. This suggests that the ratio of the effects 
associated with chloride on the two tripositive ions 
is nearly equal to the ratio of those associated with 
hydroxide, and that the electrostatic arguments 
give a consistent interpretation of the to systems.

Kinetic Isotope Effects.— A few of the known 
solvent isotope effects on the rates of oxidation- 
reduction reactions involving iron, cobalt, chro
mium and vanadium are shown in Table VIII. 
The first two reactions illustrate a significant point

(.13) A. Zwickel and H. Taube, J. Am. Chem. S o c . ,  81, 1288 (1909).

in this discussion: when there is no water in the 
first coordination spheres of the reactants no iso
tope effect is observed. All the other reactions go 
faster in H20, as expected from the electrostatic 
argument presented above. It is not inconsistent 
that the isotope effects in the iron(II)-iron(III) 
reactions are about the same when a ferric ion 
brings an anion into the activated complex as when 
it brings only water. The reason is that the 
anion has already exerted its effect on the water 
molecules coordinated to the ferric ion, so that its 
effect is partially cancelled in the activated com
plex.

T a b l e  VIII
D 20  E ffects on V arious R eaction R ates

Reactants kiuo/kmo Reference

(1) Co(phen)33+ +  Co(phen)32 + 1.0 a

(2) Co(NH3)c3+ +  Cr(dipy)s2 + 1 .0 h

(3) Fe(H20 )63+ +  Fe( H20 )62 + 2.1 4
(4) (H20 )5Fe0H2+ +  Fe(H2O V + 2.1 4
(5) (H2( » 8FeCl2+ +  Fe(H20 )fi2 + 2.5 This work
(6) (NH3)5CoH20 3+ +  Cr(H20 )62 + 3.8 13
(7) (NHj) 8CoH20 3 ̂  +  Cr(dipy)32 + 2.6 b

(8) (NII3)6CrCl2+ +  Cr(H20 )62 + 1.3 c

(0) (NH3)6CoII20 3+ +Voq.2 + 2.6 14
(10) (NH3)8CoC12 + +  Va„.2 + 2.2 14

* B. R. Baker, F. Basolo and II. M. Neuman, J . Pliijx. 
C hem ., 63, 371 (1059). b A . Zwickel and II. Taube, J . A m .  
Chem . S oc., 81, 2915 (1959). c A. E. Ogard and II. Taube, 
ibid.., 80, 1084 (1958).

The isotope effect of 3.8 observed in reaction (6) 
of Table VIII appears too large to be accounted 
for by the simple electrostatic arguments used 
above. It is tempting to associate this large ef
fect with the water bridge in the activated com
plex.13 The isotope effect of reaction (8) which 
also proceeds via a bridged activated complex is 
only 1.3. From a comparison of the isotope ef
fects of reactions (6) and (8) Zwickel and Taube13 
concluded that the replacement of a bridging water 
molecule by a bridging chloride ion leads to a 
marked decrease in the isotope effect of the oxida
tion-reduction reaction. If this conclusion applies 
to all oxidation-reduction reactions proceeding via 
bridged activated complexes, the similarity of the 
isotope effects observed in reactions (3) and (5) 
suggests that the oxidation of Fe(H20 )62+ ions by 
Fe(H20) 63+ or (H20)6FeCl2+ ions does not proceed 
via a bridged activated complex. In an analogous 
manner, the similar isotope effects of reactions (9) 
and (10) and other comparisons have led Zwickel and 
Taube14 to propose that the oxidation of Vaq.2 + 
by the Co(III) complexes probably proceeds via 
an activated complex which approximates to the 
outer sphere type.

This discussion has been limited largely to the 
examination of one possible reason for the rates and 
equilibria of ionic reactions being different in H20  
and D20, namely, electrostatic influences on water 
molecules in the first coordination sphere. It is 
by no means implied that this is a unique or suf
ficient way to look at the problem, but we feel 
that it may be a useful point of view.

(14) A. Zwickel and H. Taube, ibid., 83, 793 (1901).
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_ The correlation between the mean rectification voltage (AE®) and mean rectification current (/,) and the influence ef the 
circuit resistance are discussed quantitatively. Time variations of the rectification current are analyzed and two methods 
for the determination of AE® are proposed: _ (a) comparison of I , - t  curves with the I - t  curves in the potentiostatie voltage- 
step method (Barker) and (b) direct calculation of AE®. A double pulse method is described in which the time for charging 
of the double layer is decreased and the drift of potential due to heating of the electrolyte is minimized at very high fre
quencies. Experimental data are given and equipment which has been quantitatively tested up to 51 Me. and which 
could possibly be used up to 144 Me. is briefly described.

A rather general treatment of faradaic rectifica
tion and its application to electrode kinetics was 
developed in a previous paper from this Labora
tory.2 We consider here two additional problems, 
namely (a) the correlation between measurements 
of the rectification voltage and the rectification 
current and (b) the use of a double pulse method 
to shorten the time required for charging of the 
double layer in rectification voltage measurements. 
Instrumentation for measurements up to very 
high frequencies (possibly 144 Me.) is briefly de
scribed.

Experimental
Cell and Synchronization Device.— A dropping mercury 

electrode with a low head of mercury was fitted with a 
magnetic hammer. The signal for the hammer was ob
tained from an amplifier connected to a drum with contacts 
rotating at constant speed. The drum also provided a pulse 
which modulated the a.c. signal generator as described be
low. The drop time, as controlled by the hammer, was 5 
sec. (in comparison with the "natural” drop time of approx
imately 1 2  sec. at open circuit in 1 . 1  M  HCIO4 ) and the a.c. 
pulse could be applied for drop lives as short as 0.12 sec. and 
as long as 5 sec. Electrode areas as small as 0.004 cm.2 
could be obtained, and a.c. power consumption at very 
high frequencies was kept to a minimum. The cell was in 
a metal cabinet to minimize interference with radiobroad
casting. The lead from the terminal of the coaxial cable 
to the mercury reservoir was as short as possible (about 2 
cm.) to minimize inductance.

A.C. Signal Generation and Modulation.—A signal gen
erator (50 kc. to 65 me.) with 100% modulation (G4 in 
Fig. 1) was used at frequencies up to a few megacycles. 
The output signal fed into a power amplifier. Available 
power above a few megacycles was too low and a transmitter 
(T) was substituted for the signal generator. Square- 
wave modulation was achieved as follows: one of the contact 
of the synchronization drum (see preceding section) generated 
a 45 v. pulse which triggered a sawtooth generator (Gl). 
The resulting signal was transformed (G2) into a square- 
wave pulse which modulated the output of generator G4. 
The transmitters used above a few megacycles were set in 
the "key” position, and the output was modulated by 
means of relay RL1, the latter being triggered with the 
signal from G2. The transmitter signal was applied to a 
100-ohm potentiometer connected to a two-section L-C filter 
(0.001 and 0.00035 microfarad and 2 X 30 millihenries) to 
eliminate 60 cycle hum.

Rectification Voltage and Current Measurements.—
Rectification voltages were measured with the oscilloscope 
CRO from the ohmic drop across resistance R2, the high- 
frequency component being eliminated with the low-pass 
filter F. Potentiometer P, set at zero voltage in this work, 
provided a known voltage to be applied to the cell. The 
output of the voltage divider VD wras set at zero except when 
the voltage-step method was applied (see below).

(1) (a) Postdoctoral research associate January 1960-March 1961; 
on leave from Department of Agricultural Chemistry, Kyoto Univer
sity, Kyoto, (b) Postdoctoral research associate 1960-1962; on leave 
from Minami College, Hiroshima University, Hiroshima.

(2) P. Delahay, M. Senda and C. H. Weis, J. Am. Chem. Soc., 83, 
312 (1961). See references to previous works therein.

The low-pass filter was composed of the following elements: 
(a) A 50 microhenry inductance connected to the cell, (b) A 
3-section L-C filter (3 X 2.5 millihenry R.F. transmitter 
coil, 3 X 0.05 microfarad.); the sections were individually 
shielded; the axis of the coils were perpendicular to each 
other to minimize coupling, (c) A shielded 9-section L-C 
filter composed of capacitors of either 100 or 200 micromicro- 
fared and 6 or 7 turn coils (22 mm. diameter, 3 mm. spacing 
between turns, gauge 18 wire); coil axes were perpendicular 
to each other in each group of 3 coils; L and 6  varied from 
one section to another to minimize reasonance. (d) A ter
minal filter composed of 500 microhenries and 0.001 micro
farad. Careful design was essential to avoid spurious recti
fication by the oscilloscope preamplifier as a result of leak 
of the high frequency signal through the filter by capacitive 
coupling. This filter could be used in the range 200 Kc. to 51 
Me. It was not tested at higher frequencies but it still 
might be effective.

Resistance R2 was usually set at 1 megohm in rectifica
tion voltage measurements and was varied from 100 to 4000 
ohms in rectification current measurements.

Voltage-Step Method.— The voltage step was generated 
across a 0.9 ohm resistance of a conventional voltage divider 
(VD). The voltage applied to VD was controlled by relay 
RL2, the latter being triggered by the signal from G2. The 
amplitude of the voltage step was determined by means of 
the oscilloscope OSC.

Double Pulse Method.— A square wave pulse from G3 
was applied to the cell simultaneously with the modulated 
a.c. signal. The amplitude of the pulse was controlled with 
G3 and by adjustment of R1.

Measurement of A.C. Signal across the Cell.— A Tek
tronix oscilloscope, model 531, with plug-in unit, type G, 
sufficed up to a few megacycles. At higher frequencies, the 
a.c. signal was rectified before application to the oscillo
scope . The rectification unit was a set of 10 silicon diodes in 
series. Ten one megohm resistors were in parallel with the 
10 diodes as voltage divider. The terminal stage was con
nected to a 25 micromicrofarad capacitor. The rectifier 
unit was calibrated with a Hewlett-Packard vacuum tube 
voltmeter, model 410B, having a flat response up to 700 Me. 
A Tektronix oscilloscope, model 585 was used at a later 
stage.

Correlation between Rectification Voltage and 
Current.—In a previous paper2 from this Labora
tory it was pointed out that two types of control of 
the d.c. component must be considered in faradaic 
rectification: control of the mean current (in
frenerai I  = 0) or the mean potential (in general 
E  — E e, E e being the equilibrium potential). It 
was further shown that the mean rectification cur
rent density for the electrode reaction 0 +  n e  =  
R (O and R  being soluble) is

AË™
E = ------ E Jif exp NO erfc(Xi'A> (F

T +  V  ñF
with

x = l
( c m -a evob) (2)
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Fig. 1.— Equipment for faradaic rectification. SYN, syn
chronization device; Gl, Tektronix sawtooth generator, 
model 162; G2 and G3, Tektronix square-wave generator, 
model 161; G4, Hewlett-Packard signal generator, model 
606A and Hewlett-Packard amplifier, model 460 AR 
loaded with a 620 ohm resistance; T, Hcathkit transmitters 
“Apache,” model TX1 (3.5, 7, 14, 21 and 28 Me.), or 
“Seneca,” model VHF-1 (51 and 144 Mc.); O, output 
filter and voltage divider; RL1 and RL2, Clare mercury 
relay, type HG 1001; F, low-pass filter; VD, voltage 
divider; P, 0-3 volt 50 ohm potentiometer; CRO, Tek
tronix oscilloscope model 535 with plug-in unit type E, 
R l adjustable from 0.1 to 5.7 megohms; R2 adjustable 
from 0 to 1 megohm; C in general 0.003 microfarad, but 
could be adjusted; CL cell with dropping mercury electrode 
and mercury pool.

TIME.
Fig. 2.— Influence of external resistance (R2 of Fig. 1) 

for the discharge of 0.63 m M  Hg» + + in 1.1 M  HC104 on 
mercury at 1 Me. and 30°. Curves are tracings of oscil
lograms. Electrode area, 0.0041 cm.2; circuit resistance 
except R2, 120 ohms; a.c. peak to peak voltage applied to 
the cell, 1.6 v. The shift of E  is negative.

There the C'°’s are the bulk concentrations, the 
D ’a the diffusion coefficients; r is the total re
sistance of the d.c. cell circuit for the measurement 
of the rectification current density; Ja° is the ap
parent exchange current density (not corrected for 
double layer effects, etc.); R, T and F have their 
usual significance; t is the time elapsed since the 
application of the a.c. signal; and A-E», is the mean 
rectification voltage that would be observed for 
control of the mean current instead of the mean 
potential, the a.c. signal being the same in both 
cases. Note that AE„ is expressed for t —*■ °° to 
allow for charging of the double layer.

Equation 1 is identical to the equation for current
time variations in the potentiostatio voltage-step

method3 provided AE „  = — A V , A V  being the 
voltage step. Hence, the mean rectification voltage 
can be measured indirectly by comparison of the 
IT-t  curve with the I -t  curve obtained by the volt
age-step method, the voltage step A V  being ad
justed so that I r = I  at any given time. This 
method which was originally developed and ex
tensively used by Barker4 finds its full justification 
in eq. i. Barker did not consider I T-t  curves in 
detail and he did not make a detailed analysis of 
the correlation between measurements of Ir and 
AEm. This matter is taken up below.

It follows from eq. 1 that when r A> (1 /IE) 
(.RT/nF) and Atl/- <C 1, i.e., when

... RT_ ( ___i__
1 n 2F -  V-o0 D o'/ -

___w
r° DR/’-) (3 )

one has Ir =  AE„/r. If the cell resistance and the 
resistances of the elements F, VD and P (Fig. 1) 
in series are much smaller than R2, the ohmic drop 
across R2 is for all practical purposes equal to 
the rectification voltage when the above conditions 
are fulfilled. Control of I  at zero is practically 
achieved. There is consequently a progressive 
transition from control of I  =  0 toward E =  Ee as 
the total resistance of the cell circuit decreases 
(Fig. 2).

The identity of Ir-t  and I-t  curves when AV =  
— AEoo was verified for the discharge of mercurous 
ions on mercury by direct measurements of AE„ 
and determination of AV for which Jr =  I  at any 
given time. Results are given in Fig. 3 for large 
values of the argument in eq. 1 (\i‘A > 7 )  for which 
this equation reduces to

Ir AR» RT ( Co„£oV- +  CrORr'a)  (,ri) 1/2 (4)
regardless of the value of r. Jr is then diffusion 
controlled. Note that the linearity of I r with 
tr'A is verified in Fig. 3.

Rectification voltages can also be calculated 
directly from IT-t  curves without comparison with
I-t  curves obtained by the voltage-step method by 
the following niethock It follows from eq. 4 that 
the quantity I ri1/!/A £ «  should approach the con
stant value

R T  ( c V /V A  +  CrODrVs)  *■ V2 
for large values of t corresponding to diffusion con
trol. This quantity is readily calculated and, since 
Ir and t are measured, A FT is directly obtained. 
The experimental value of Et'^/AE«, for pure 
diffusion control is 6.6 X 10-3 amp. cm.-2 sec.1/2 
volt-1 for the data of Fig. 3 vs. 7.5 X 10-3 for 
the value calculated for the polarographic diffusion 
coefficient, DHg2 + + =  0.9 X 10-5 cm.2 sec.-1.

The double layer charing was not considered in the deriva
tion of eq. 1. The more general problem was set. up and 
solved in the form of Laplace transformation. Inverse 
transformation, however, appeared very complex and only

(3) (a) W. Vielstich and P. Delahay, ibid., 79, 1874 (1957). (b)
For a review of this and other relaxation methods in electrode kinetics, 
see P. Delahay, Chap. 5 in “ Advances in Electrochemistry and Elec
trochemical Engineering,”  Vol. 1, edited by P. Delahay, Interscience 
Publishers, Inc., New York, N. Y., in course of publication.

(4) G. C. Barker, “ Transactions of Symposium on Electrode 
Processes,”  E. Yeager, editor, John Wiley and Sons, Inc., New York, 
N. Y., in course of publication.
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tw o  ex tre m e  ca ses  w ere  e x a m in e d : ( a )  r c \  <K t ,  r  b e in g  th e  
res ista n ce  o f  e q . 1 a n d  ci th e  d iffe re n tia l d o u b le  la y e r  c a p a c 
i t y  p e r  u n it  a rea ; e q . 1 th e n  h o ld s  a n d  th e  ch a rg in g  cu rren t 
b e co m e s  v a n is h in g ly  sm a ll b e fo re  th e  r e c t if ica tio n  cu rre n t  is 
m ea su red , ( b )  W h e n  rci »  t ,  th e  t im e  co n s ta n t  o f  th e  
ex te rn a l c ir c u it  is  m u ch  la rger  th a n  th e  t im e  co n s ta n t  fo r  
th e  c ir c u it  c o m p o s e d  o f  th e  d o u b le  la y e r  c a p a c ity  in  p a ra lle l 
w ith  th e  fa ra d a ic  im p e d a n c e  fo r  th e  m ea n  c ir c u it ; th e  d o u b le  
la y e r  ch a rg in g  cu rre n t  is a lm o s t  e n t ire ly  su p p lie d  b y  th e  
e le c tro d e  r e a c t io n  a n d  n o t  b y  th e  ex te rn a l c ir c u it ; th is  case  
w a s  tre a te d  in  a  p re v io u s  p a p e r  (s e e  e q . 18 in  r e f . 2 ) .

Double Pulse Method for Very High Fre
quencies.—The full rectification voltage AE^ does 
not appear across the cell immediately after ap
plication of the a.c. signal because of charging of 
the double layer. This effect was previously ex
amined2 by theory and experiment, and it was 
shown that the rectification voltage approaches 
AEcd for t — oo. The time at which A E „  is prac
tically reached can easily exceed 0.01 sec., especially 
when the polarization resistance is high, and the 
a.c. signal must be applied for a relatively long 
time. Heating of the electrolyte then interferes 
because of the drift of potential. Heating is 
particularly serious at high frequencies because of 
the power required to maintain a few millivolts 
across the double layer. The upper usable fre
quencies can be increased by the following method 
which is inspired for the galvanostatic double 
pulse method5’6; a square wave pulse of short 
duration is applied to the cell simultaneously with 
the a.c. signal, and the time variation of the 
rectification voltage is determined (Fig. 4). The 
curve with a rectification voltage independent of 
time corresponds to AE „ .

When the duration of the current pulse is suffi
ciently small in comparison with the time scale 
for the measurement of the rectification voltage, 
the potential vs. time curve is given by an equation 
identical to eq. 18 in ref. 2 except for the coefficient 
(AE „  — AE\) of the second term which is now 
replaced by (AIL, — Afq — AE p), A E P being the 
potential variations caused by the current pulse 
at the beginning of a.c. signal application.

Measurements of A E „  by this method could be 
made for the reduction of 10-2 mil/ Hg2++ on 
mercury in 1 M  HClCfi at frequencies up to 28 Me., 
the a.c. pulse not exceeding 0.5 — 1 millisec. and 
the square wave pulse being 10 microsec. long or 
even shorter.

Comparison of Methods.—The determination of 
rectification voltages with control of I  at. zero has 
several advantages: it is the most direct method; 
duration of the a.c. pulse can be quite short (1 
millisec. or less) with the double pulse method; 
and the sensitivity of the oscilloscope need not be 
as high as in rectification current measurements. 
There is one disadvantage, namely, that generation 
in  situ of one reactant by a polarographie (echnique 
does not appear practical. Conversely, generation 
in  situ is quite simple in rectification current 
measurements. Application of one or the other

(5) (a) H. Gerischer and M. Krause, Z. physik. Chem., N.F., 10, 
264 (1957); (b) 14, 184 (1958).

(6) H. Matsuda, S. Oka and P. Delahay, J. Am. Chem. Soc., 81, 5077 
(1959).

Fig. 3.— Analysis of current-time curves for faradaic 
rectification and the potentiostatic voltage-step me*,hod for 
the discharge of 0.3 ralf Hg-,++ on mercury in 1.15 M  
HCIO4 at 30°. The frequency (in megacycles per sec.) 
and rectification voltage or voltage step are indicated 
on each line. The zero of coordinates is common for all 
lines. A V  is positive and AEa> negative, and the current 
is anodic. Electrode area, 0.0053 cm.2; cell resistance, 150 
ohms; a.c. peak to peak voltage applied to cell: 0.4, 0.8, 
1.2, 1.6, 4.2, 8.4 v. for 0.25. 0.5, 0.75, 1, 2.5 and 5 Me., 
respectively.

Fig. 4.—Tracings of voltage-time curves for the double 
pulse method for the discharge of 0.012 m.M  Hgo5''1' on 
mercury in 1.1 M  HCIO4 at 0.5 Ale. and 30°. Electrode 
area, 0.0041 cm.2; cell resistance, 81 ohms; a.c. peak to 
peak voltage applied to the cell 1.2 v.; duration of square- 
wave pulse, 30 microsec. except for the upper curve for 
which the pulse was 40 microsec. long. Amplitude of the 
current square-wave is indicated in microamp. on each curve. 
The shift of E  is negative.
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method thus depends on the system being studied. 
At any rate, the same general equipment is used in 
both methods.
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A study has been made of the kinetics of the reaction, Pu(VI) +  Sn(II) Pu(IV) +  Sn(IV). In mixed chloride-per
chlorate media, the rate of Pu(VI) reduction is firsVorder dependent upon the concentration of each reactant, strongly de
pendent upon the chloride ion concentration and independent of the hydrogen ion concentration. These observations are 
consistent with a parallel path mechanism in which the reaction proceeds primarily through activated complexes having the 
formulas (Pu02-Sn-Cl3) + and (PuOrSn-Cli)0. Thermodynamic quantities for the activation processes have been obtained 
for these two reaction paths, and the correlation between charge and entropy has been found to apply to these activated 
complexes of charge + 1  and zero. The experimental observation that the reduction of Pu(VI) by Sn(II) occurs much 
more rapidly than does the reduction of Pu(V) by Sn(II) has been interpreted as evidence that the Pu(VI)-Sn(II) reaction 
proceeds through a single step mechanism which involves the transfer of two equivalents of charge.

Introduction
Kinetic studies of the reactions of plutonyl 

ion with various reducing agents such as, for ex
ample, T i(III),2a V (III)2b and U (IV)S have been 
made not only because of the variety of mechanistic 
possibilities offered by these systems and the desire 
to provide a background of chemical information 
for this actinide element, but also because there 
appear to be opportunities provided by the study 
of these reactions to focus attention upon factors 
which may aid in the correlation of the relative 
rates of the chemical reactions.

In the reductions of Fe(III)4 and Pu(IV)6 with 
Sn(II), it has been observed that although the 
reaction rate is very slow in perchlorate solution, 
in the presence of chloride ion a marked acceleration 
in rate is found. This observation has also been 
found to be applicable to the Pu(VI)-Sn(II) system 
in the present work. It appears that the introduc
tion of chloride ions into the activated complex 
provides a much more effective path for the oxida
tion-reduction process than is available in per
chlorate solution even under conditions of low 
acidity.

Experimental
Materials.— Stock solutions of 1.3 X 10_3to l.l  X 10~2 3M  

stannous chloride in hydrochloric acid were prepared from 
Baker and Adamson reagent grade crystalline SnCI2-2H20 . 
These solutions were protected from atmospheric oxygen 
with the use of a vessel fitted with stopcocks through which 
was directed a stream of Oxsorbent-scrubbed argon. Pluto- 
nium(VI) perchlorate solutions were prepared from weighed 
samples of high-purity metal. After dissolution of the metal 
in a weighed quantity of standardized 70% perchloric acid, 
the solution was ozonized overnight. Prior to use, this 
stock solution was subjected to an additional period of ozoni- 
zation to ensure quantitative conversion of the plutonium to 
the plutonyl form. The residue of dissolved ozone was re
moved by prolonged flushing with purified argon. The 
purification of the water, sodium perchlorate and the sodium

(1) This work was done under the auspices of the United States 
Atomic Energy Commission.

(2) (a) S. W. Rabideau and R. J. Kline, J. Phys. Chem., 63, 1502 
(1959); (b) 62, 414 (1958).

(3) T. W. Newton, ibid., 62, 943 (1958).
(4) M. I I .  Gorin, J. Am. Chem. S o c . ,  58, 1787 (1936).
(5) S. W. Rabideau, J. Phys. Chem., 64, 1491 (1960).

chloride and the standardization of the hydrochloric and 
perchloric acids followed procedures described previously.6

Analyses.— Solutions of Fe(III) in hydrochloric acid were 
prepared from C.p. grade Fe20 3 and were standardized 
volumetrically against potassium permanganate with the use 
of the Zimmermann-Reinhardt procedure. Standard iron 
wire was carried through the analysis procedure as a control. 
Stock solutions of Sn(II) were analyzed by the addition of 
the sample to a slight excess of an argon-flushed 2 M  hydro
chloric acid solution of Fe(III). The stannous ion con
centration in the stock solution was computed from the 
spectrophotometrically observed decrease in ferric ion con
centration. At the reagent concentrations used, a signifi
cant time was required for essentially complete reaction. 
The kinetics of the reaction between Fe(III) and Sn(II) in 
hydrochloric acid solution has been studied.6 All spectro- 
photometric measurements were made with the Cary Model 
14 instrument. A molar extinction coefficient of 2,350 was 
measured for Fe(III) in 2 M  hydrochloric acid at 3350 A. 
with a slit width of 0.10 mm.

The concentration of Pu(VI) was followed in the rate 
measurements as a function of time from optical density 
measurements at a wave length of 8298 A. and a slit width 
of 0.10 mm. Molar extinction coefficients of standard Pu- 
(VI) solutions were measured in each experiment under 
varied conditions of solution composition and temperature. 
The contribution to the optical densities at 8298 A. by 
Sn(II), Sn(IV), Pu(III) and Pu(IV) was considered to be 
negligible at the concentrations of metal ions used in these 
experiments.

In experiments in which the concentration of Pu(V) was 
followed as a function of time, the sharp absorption peak at 
5674 A. in dilute hydrochloric-perchloric acid solution was 
used.

Procedure and Apparatus.— It was necessary to flush the 
spectrophotometer cell and all reagent solutions with puri
fied argon to reduce the atmospheric oxidation of the Sn(II) 
to negligible proportions. With this precaution, 10-4 M  
solutions of stannous chloride could be used without loss of 
titer because of air oxidation. Weight aliquots of the Pu- 
(VI) stock solution were added to one leg of the double- 
chambered spectrophotometer cell. The Sn(II) solution 
together with appropriate quantities of acid and salt solu
tions were added to the second leg. Prior to mixing the 
solutions in the two compartments, thermal equilibrium was 
attained by the solutions in a water thermostat. The cell 
was then placed in a water-thermostated compartment 
within the Cary instrument. The total volume of mixed 
solutions was computed for each rate run from the measured 
solution densities and the weights of the component solu
tions.

(6) F. R. Duke and R. C. Pinkerton, J. Am. Chem. Soc., 73, 3045 
(1951).



July, 1961 Kinetics of Reaction Between Plutonium and Tin 1257

Calculations.— As discussed in a previous paper,6 a least 
squares program has been prepared to treat second-order 
kinetic data with the use of the IBM-704 computer. From 
input data which consisted of optical densities versus time at 
8298 A., initial reactant concentrations, molar extinction 
coefficients, stoichiometric reaction coefficients and cell 
length, specific reaction rate constants were computed which 
corresponded to the least squares fit of the data. Input 
optical densities were used up to the point at which it was 
calculated that 1% of the Sn(II) had been consumed in the 
reduction of Pu(IV). This generally corresponded to about 
50% reduction of the Pu(VI). Also, the associated uncer
tainties of the specific rate constants as reflected by their 
standard deviations constituted a part of the program print
out.

If the equation for the formation of the activated complex 
is written in terms of the uncomplexed reactant ions, then 
appropriate correction terms must be applied to the experi
mentally measured apparent rate constant obtained in chlo
ride solutions to take into consideration the fact that a frac
tion of each of the metal ion species is present in the form of 
chloro-complexes. For stannous ion, the relationship be
tween the uncomplexed form, Sn ++, and the total bivalent 
tin, Sn(II), is given by the expression
[Sn + +] = [Sn(II)]/(l +  ft [Cl- ] +  ft[Cl- ]2 +  ft [Cl- ]*)

(1)
where the ft values represent the successive formation 
quotients for the stannous chloro-complexes containing one, 
two and three chlorides, respectively, and molar concentra
tions are enclosed by brackets. The general expression for 
the Sn(II) formation quotient is

ft  =  [SnCl„]+2-’>/[Sn + +][Cl- ]’* (2)

A report of the non-linear least squares procedure which was 
used to obtain the ftvalues for the Sn(TI) chloro-complexes 
has been prepared.7 A portion of the Pu(VI) is also present 
in the solutions in the form of a chloro-complex or complexes 
and the apparent rate constant must be adjusted to reflect 
this fact if the true chloride ion dependence of the reaction 
rate is to be evaluated.

If it is considered that a single chloro-complex of Pu(VI) is 
present, the relationship between the uncomplexed plutonyl 
ion, Pu02++, and the total plutonyl ion concentration, 
Pu(VI), is given by

[Pu02++] =  [Pu (VI)] /  (1 +  ft'[Cl- ]) (3)
where the formation quotient, ft , is defined by the expres
sion

ft' =  [Pu02Cl+]/[Pu02++][Cl- ] (4)
The expression

(«„ -  e)/[Cl-] =  ft'(i -  „) (5)
can be derived with the assumption of a single Pu( VI) chloro- 
complex, where e0, e and e, correspond to the molar extinction 
coefficient values for Pu02++, Pu(VI) and Pu02Cl+, re
spectively. Further, with the assumption of the invariance 
of it, Co and ft', with changes in solution composition at con
stant ionic strength, values of ft" have been obtained from 
plots of (co — e)/[Cl~] vs. e between 2.4 and 29.6° at 8298 A.

The spectrophotometric data for Pu(VI) in perchlorate- 
chloride media can also be explained by the assumption of 
successive chloro-complexes.8’9 If the relationship between 
Pu02 + + and Pu(VI) is written on the basis of a two chloro- 
complex model, it follows that
[Pu02 + +] = [Pu(VI)]/(l +  ft "[C l- ] +  ft "[C l- ]2) (6)
where the formation quotients are given by

f t "  = [PuChCln] + 2 -" / [ P u 0 2+ + ] [Cl- ]“ (7)
In the present work, both the single and the two chloro- 
complex models of Pu(VI) have been considered. The re
lationship between the successive formation quotients for 
the two Pu(VI) chloro-complexes, f t "  and f t " ,  and the for
mation quotient for the single Pu(VI) complex, ft', can be 
shown* to be equal to

_______  ft"  = ft'(ft”  -  ft') (8)
(7) S. W. Rabideau and R. H. Moore, J. Phys. Chem., 65, 371 (1961).
(8) T. W. Newton and F. B. Baker, ibid., 61, 934 (1957).
(9) R. Kruh, J. Am. Chem. Soc., 76, 4865 (1954).

Results
Stoichiometry.— In chloride-perchlorate acid so

lutions, Pu(VI) is reduced rapidly by Sn(II). 
From measurements made at a wave length of 3298 
A. it was observed that the change in the con
centration of Pu(YI) with the addition of known 
quantities of Sn(II) corresponded to the reduction 
of one mole of Pu(VI) for each mole of Sn(II). 
These stoichiometry measurements were made in 
solutions which contained chloride ion in the con
centration of 0.5 M. Thus, it was concluded 
that the stoichiometry of the reaction can be 
represented by ~he equation

Pu(VI) +  Sn(II) =  Pu(IV) +  Sn(IV) (9)

In the presence of chloride ion concentrations of 
approximately 1.5-2.0 M, less than one mole of 
Pu(VI) is reduced per mole of Sn(TI) because of the 
effective competition of Tu(IV) for the Sn(II). 
The Pu(IV) -Sn(II) reaction makes a greater 
contribution to the observed stoichiometry at 
higher chloride ion concentrations because of its 
larger chloride ion dependence.5

Pu(V)-Sn(II) Reaction .—To determine whether 
Pu(V) is an intermediate product in the reduction 
of Pu(VI) with Sn(II), the rate of the Pu(V)-Sn(II) 
reaction was examined. Pu(V) was prepared in 
0.1 M  hydrochloric-0.1 M  perchloric acid solution 
by the reduction of Pu(YI) with Pu(III). Essen
tially equimolar quantities of Pu(VI) and Pu(III) 
were used in the initial solution. The equilibrium 
reaction

Pu(VI) +  Pu(III) =  Pu(IV) +  Pu (V) (10)

was driven to the right by the extraction of Pu (IV) 
with 0.2% dibutyl phosphate in benzene. The 
aqueous layer was washed with benzene to remove 
traces of dibutyl phosphate. The procedure of 
Markin and M cKay10 which accomplished the 
extraction of Pu(IV) from Pu(V) in nitric acid 
solution was found in the present work to be ap
plicable in hydrochloric acid or in perchloric acid 
solutions also. Solutions of Pu(V) which were 
pinkish-violet in color and which contained small 
amounts of the other oxidation states of plutonium 
as revealed by spectrophotometric examination 
were produced by this extraction procedure. If 
Pu(V) were an intermediate step in the reduction 
reaction of Pu(VI) with Sn(II), then since the 
over-all reaction is rapid, it would be expected that 
the reduction o: Pu(V) by Sn(II) would also be 
rapid. However, in 0.5 M  HC1 solutions containing 
about 2 X 10“ 3 M  concentrations of each reactant 
and no added salt, the reduction of Pu(V) by Sr. (II) 
is observed to proceed much more slowly than does 
the reaction between Pu(VI) and Sn(II). At 
2.4°, if it is assumed that, the disappearance of 
Pu(V) is attributable solely to the reaction with 
Sn(II), an upper limit for the apparent bimolecular 
rate constant of about 0.15 M ~l sec.“ 1 is obtained.

Rate Law.—The rate of the reaction between 
Pu(VI) and Sn(II) has been found to be first order 
in each of the reactants. The initial molar concen 
tration ranges used for the reactants were 1.6 X 
10-4 to 3.1 X 10“ 4 M  for the Pu(VI) and 1.6 X

(10) T. L. Markin and H. A. C. McKay, J. Inorg. Nucl. Chem., 7, 
298 (1958).
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10"4 to 1.1 X 10 " 3 M  for the Sn(II). Linear 
second-order plots were observed to approximately 
30 to 80% of completion of reaction without taking 
into consideration the possibility of the reaction 
of the product, Pu(IV), with the Sn(II). With 
this consecutive reaction taken into consideration, 
the linear portion of the second-order plot increased 
to as much as 90%. In terms of the total concen
tration of the metal ion species, the rate law can 
be written as
-d[Pu(VI)]/c.i =  —d[Sn(II)]/di =

fcob* [Pu(VI)][Sn(II)] (11)
in solutions of constant chloride ion concentration.

In Table I are given a set of data for a typical 
experiment which were used as the input to the 
computer. From these data a value of 15.42 ±  
0.07 M _ 1  sec."1 was obtained for k0bsd-

T a b l e  I
Input D a t a  f o b  R e d u c t i o n  o f  Pu(VI) w i t h  Sn(II) a t  

2.4°, [H+] =  2.0 M , n =  2.0
[Pu(VI)] =  [Sn(II)] = 1.647 X 10-4M; Pu(VI) molar ex

tinction coefficient =  462
Time, sec. Optical density Time, sec. Optical density

0 82.5 0.619
30 0.698 90 .610
37.5 .685 97.5 .600
45 .672 105 .591
52.5 .660 112.5 .582
60 .649 120 .574
67.5 . 639 127.5 .566
75 , 629 185 . 558

Acidity Dependence.—From experiments con
ducted at 20.2° at a constant chloride ion concen
tration of 0.500 M  and at an ionic strength of two, 
it was found that the rate of reaction between 
Pu(VI) and Sn(II) is hydrogen ion concentration 
independent. As shown in Table II, within a 
deviation of about. 5% from the mean value, the 
values of fc0bsd are unchanged over nearly a sixfold 
change in acidity. The standard deviation of the 
specific rate constant k„bsd in an individual experi
ment is given by a.

T a b l e  II
A c i d i t y  D e p e n d e n c e  o f  Pu(VI)-Sn(II) R e a c t i o n  a t  

20.2°, n =  2.0, [CD] = 0.50 M
[H +], M  /cobsd, M '1 sec.' 1 a

2.000 19.45 0.09
1.504 17.07 .10
1.002 19.45 .08
0.574 18.89 .10
0.344 17.61 .04

Mean 18.49

Chloride Ion Dependence.—The specific rate 
constant, A'0bsd, defined by equation 11, includes a 
functional dependence upon the chloride ion con
centration. If the rate law is written in terms of 
the uncomplexed metal ion species, and it is desired 
to obtain the appropriate chloride ion dependence 
for the rate law expressed in this manner, then it 
is necessary as mentioned in the Experimental 
section of this paper to apply corrections for the 
chloro-complexes of the reactant metal ions. With 
the assumption of a single chloro-eomplex of

Pu(VI) and with the use of the formation quotients 
of Sn(II) as derived from least squares calcula
tions,7 the rate law can be written as
— d[Pu(VI)]/df =  —d[Sn(II)]/di =  W f P u 0 2 ++l

[Sn + +] (1 +  /V[C1-])(1 +  M C I"] +
ft[Cl-p +  M C I"]3) (12)

With the substitution of
k' = fcob.d( 1 +  ft'[Cl-l)(l +  MCI"] +  MCI"]2 +

ft[Cl-]>) (13)
in equation 12, the rate law can be simplified to
— d[Pu(VI)]/di = — d[Sn(II)]/di =  fc'[Pu02 + +] [Sn + +]

(14)

The formation quotients fi'i and % have been 
defined by equations 4 and 2, respectively, and the 
values of these quantities used in the present work 
are given in Table III.

T a b l e  III
F o r m a t i o n  Q u o t i e n t s  f o r  C h l o r o - c o m p l e x e s  o f  Pu(VI) 

a n d  Sn(II), f i  =  2.0
t, °c. P i ' Pi Pi Pi

2.4 0.39 7.75 34.4 15.5
10.2 .46 9.01 39.8 19.8
15.0 .50 9.80 43.7 23.3
20.2 .56 10.6 48.2 27.7
29.6 .67 12.2 57.2 37.6

A mean value of 3.3 kcal./mole was computed for 
AH for the reaction

Pu02++ +  Cl“ =  Pu02Cl + (15)

from the results given in Table III.
Through the use of the formation quotients 

13' i and %, corrections have been applied for the 
chloro-complexes of the metal ion reactants; 
however, the specific rate constant, k', as expressed 
by equation 14, is dependent upon the chloride 
ion concentration. The object of applying the 
corrections for the chloro-complexing of the metal 
ion reactants has been to define this dependence. 
In Table IV are given the experimentally obtained 
values of the specific rate constants as functions 
of both temperature and chloride ion concentration 
together with their associated standard deviations. 
Also included are the values of k', the specific rate 
constant corrected for chloro-complexing of Pu (VI) 
and Sn(IT).

In plots of log k' vs. log [Cl"l, straight lines of 
average slopes 3.54 appear to fit the data satis
factory at each temperature. Equation 14 may 
be written to include explicitly the chloride ion 
concentration dependence as 
— d[Pu(VI)]/di =  —d[Sn(II)]/d/ =

/ci[Pu02 + +][Sn + +][Cl“ ]3 +  M Pu02 + +][Sn + +][C l-]4
(16)

where
k ' =  M G R ]3 +  M C I-]4 (17)

Equations 16 and 17 suggest the involvement of 
parallel paths in the rate-determining steps which 
are dependent upon the third and upon the fourth 
powers of the chloride ion concentrations. Values 
of ki and fc2 were obtained by the use of a weighted 
least squares computer fit of the polynomial expres
sion given in equation 17. Because of the ex-
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T a b l e  IV
S p e c i f i c  R a t e  C o n s t a n t s  f o r  Pu(VT)-Sn(II) R e a c t i o n , 

m =  2,0, [H+] =  2.0 M

Initial reactant concentrations about 1.7 X 10 ~4 M

t, °c. [C1-],
M

kfbad,
A l_i sec. - 1

kf,
M  sec. "A

2.4 1.752 28.27 0.14 9,684
1.002 15.42 .07 1,269
0.751 9.59 .04 407

.501 5.37 .02 99.2

.250 1.735 .004 10.1
10.2 1.754 56.37 .31 25,080

1.003 29.32 .12 3,001
0.752 18.98 .07 989

. 497 11.19 .04 244

.248 3.36 .01 22.4

15.0 1.754 66.03 .51 34,520
1.003 33.70 .23 3,961
0.751 20.49 .17 1,209

.501 13.38 .08 332

. 250 4.56 .02 33.6

20.2 1.753 105.9 ,9 66,530
1.002 50.09 .32 6,875
0.750 29.58 .27 2,006

.501 16.80 . 16 472

.250 6.20 .03 50.2

29.6 0.747 55.61 .29 4,812
.501 36.33 .12 1,271
.250 12.85 .05 123

tremely large range in the individual values of k', 
it is considered that weights applied in proportion 
to {l/k'Y  gave a more satisfactory fit of the data. 
The values of these parameters are given in Table V.

T a b l e  V
T e m p e r a t u r e  C o e f f i c i e n t s  o f  S p e c i f i c  R a t e  C o n s t a n t s  

f o r  P a r a l l e l  P a t h s “
t. °c. ki or &2 (72

2.4 433 37 768 55
10.2 893 56 2068 88
15.0 1376 265 2507 394
20.2 1534 573 5136 934
29.6 6056 407 7574 850

° Single Pu(VI) chloro-complex model assumed.

The least squares values of the slopes of plots of 
In fci and In k2 vs. l/T were obtained with com
puter methods. With the aid of the method of 
propagation of errors, it can be shown that, the 
statistical weighting factors for these plots are 
(/Ci/'cr&i)2 and (A-3/cr*„)2, respectively. With 
reference to the expressions from the transition 
state theory,11 values of the free energy, heat and 
entropy of activation were computed for the 
parallel paths in which three and four chlorides 
are involved in the formation of the activated 
complex. In Table AT, these results are given 
along with the entropy of the activated complex.12 
These calculations are predicated upon the single 
chloro-complex model for Pu(AT). The values of 
S* were computed with the use of AS* and values

(11) S. Glasstone, K. Laidler and H. Eyring, “ The Theory of Rate 
Processes,”  McGraw-Hill Book Co., Inc., New York, N. Y., 1941, p. 
417.

(12) T. W. Newton and S- W. Rabideau, Ji Phya. Chem., 63, 365 
(1959).

of +13.2, — ,5.9 and —27 e.u. for Cl- , Sn++ and 
Pu02++, respectively.13'K

T a b l e  VI
T h e r m o d y n a m i c  A c t i v a t i o n  Q u a n t i t i e s  f o r  P a r a l l e l  
R e a c t i o n  P a t h s  i n  t h e  R e d u c t i o n  o f  Pu(VI) w i t h  

Sn(II) a t  25°

Process
A F+, 

kcal./ 
mole

AHÌ,
kcal./
mole

A s i, 
e.u.

s t .
e.u.

PuO++ +  Sn + + 
(PuOrSn-Cb)+

+  3C1- ->
12.3 15.7 11.3 18

Pu02 + + +  Sn +~ 
(PuOrSn-ChP

+  4C1- ->
12.3 13.5 4.2 24

The effect of chloride ion on the absorption 
spectrum of Pu(AT) was determined at eight 
different wave lengths by Newton and Baker.8 
We have referred to their conclusions that with 
various qualifying assumptions, the spectropho- 
tometric data can be explained nearly equally well 
with either the single oi the two chloro-complex 
Pu(AT) model. The treatment of the kinetic 
data for the Pu(VI)-Sn(II) reaction has been dis
cussed in the preceding paragraphs with the as
sumption of the single chloro-complex of Pu(AT). 
It was a matter of interest to determine the magni
tude of the effects which the assumption of a two 
chloro-complex model for Pu(AT) would have 
upon the results of the calculations.

AVith a procedure similar to that outlined previ
ously,8 the values of f t ”  and f t "  have been ob
tained as a function of temperature and are given 
in Table ATI. These quantities have been defined 
in equation 7. These formation quotient values 
reproduce the o molar extinction coefficients ob
tained at 8298 A. between 2.4 and 29.6° within the 
limit of experimental error. These values also 
are consistent with the measurements made at 
4.300, 8303 and 8373 A. at a temperature of 25°.8

T a b l e  A T I

T e m p e r a t u r e  D e p e n d e n c e  c f  F o r m a t i o n  Q u o t i e n t s  f o i i  
Two C h l o r o - c o m p l e x  M o d e l  f o r  Pu(VI)

t, °c. ft" ft"
2.4 0.32 0.21

10.2 1.00 .25
15.0 1.06 .28
20.2 1.15 .33
29.6 1.30 .43

Equation 13 is modified in the two chloro-complex 
treatment of the kinetic data by the substitution of 
the term (1 +  ft " [C l- ] +  ft " [C l- ]2) for (1 +  
ft '[C l- ]). The specific rate constant corrected 
for chloro-complexing in r,his fashion is designated 
as k". Plots of log k" vs. log [Cl- ] indicate a 
slightly greater power for the chloride ion de
pendence in the rate expression than was found 
in the single Pu(VI) chiaro-complex model. An 
average slope of 3.76 was obtained in this plot in 
contrast to the 3.54 average slope obtained in the 
plots of log k '  vs. log [Cl- ]. Thus, both models

(13) W. M. Latimer, “ Oxidation Potentials,”  2nd Ed., Prentice- 
Hall, Inc., New York, N. Y „ 1952.

(14) J. J. Katz and G. T. Seaborg, “ The Chemistry of the Actinide 
Elements,”  Methuen and Co., Ltd., London, 1957 (also John Wiley and 
Sons, Inc., New York* N. Y.).
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indicate that the kinetic data for the Pu (V I)- 
Sn(II) reaction may be interpreted on the basis of 
parallel paths in which three and four chloride ions 
are involved.

In the evaluation of the thermodynamic quan
tities for the reaction from the kinetic data based 
upon corrections applied with the two chloro-com
plex model for Pu(VI), the same procedures as 
described above for the single chloro-complex were 
used. For the two chloro-complex model the heats 
and entropies of activation for the fci and k2 paths 
have been found to be 17.5 and 13.2 keal./mole and
16.1 and 4.4 e.u., respectively. With the use of 
the same values for the entropies of the individual 
ions as were used in Table VI, the entropies of the 
activated complexes with charges of + 1  and zero 
were found to be 22.8 and 24.3 e.u., respectively. 
These latter results represent changes of +4.8 and 
+0.3 e.u. with respect to the corresponding quan
tities listed in Table VI.

Discussion
Pu(V)-Sn(II) Reaction.— The value obtained for 

the apparent rate constant in the Pu(V)-Sn(II) 
reaction corresponds to approximately one-eighth 
of the value of the Pu(VI)-Sn(II) apparent rate 
constant under comparable conditions. However, 
Pu (VI) was known to be present in small amount 
during the Pu(V)-Sn(II) rate measurements, and 
it appears probable that some induced reaction, 
such as that represented by the chain mechanism

Pu(VI) +  Sn(II) — >  Pu(IV) +  Sn(IV) (18)
Pu(IV) +  Pu(V) — Pu(VI) +  Pu(III) (19)

may have contributed appreciably to the observed 
rate of Pu(V) disappearance. Consequently, the 
actual value of the Pu(V)-Sn(II) apparent rate 
constant may be very much smaller than the ob
served upper limit of 0.15 M ~l sec.-1 at 2.4°. In 
any event, it may be concluded that the Pu(V)- 
Sn(II) reaction rate is much too slow to be of 
mportance in the reduction of Pu(VI) and Sn(II).

Pu(VI)-Sn(H) Reaction.—The two-equivalent 
transfer mechanism

Pu(VI) +  Sn(II) — >- Pu(IV) +  Sn(IV) (20)

is in accord with both the observed rate law and 
the stoichiometry requirement, and seems to repre
sent the most likely of several alternative mech
anisms for the reduction of Pu(VI) by Sn(II). 
If we wish to consider as a possible rate-determining 
step the one equivalent transfer process

Pu(VI) +  Sn(II) ----->  Pu(V) +  Sn(III) (21)

then in order to satisfy the stoichiometric equation, 
reaction 21 must be followed by a rapid reaction 
sequence in which either (a) reduction of a second 
Pu (VI) ion by Sn(III) followed by disproportiona
tion of Pu(V); (b) reduction of a second Pu(VI) 
ion by Sn(III) is accompanied by reduction of 
Pu(V) by Sn(II); or (c) Pu(V) is further reduced 
by Sn(III). Possibility (a) may be excluded 
from consideration because of the relative slowness 
of the Pu(V) disproportionation reaction, the rate 
of which has been observed in chloride solutions in 
the present work. In view of the measured slow
ness of the Pu(V)-Sn(II) reaction observed in this

study, case (b) may also be eliminated. In pos
sibility (c), it must be assumed that Pu(V) and 
Sn(ITI) undergo rapid reaction, even when present 
at very low steady state concentrations. However, 
if these intermediates are indeed capable of rapid 
reaction, it would appear more likely that they 
should undergo reaction before diffusing out of the 
“ solvent cage” following the reaction step shown 
in equation 21, and in this event, the over-all 
process would become indistinguishable from the 
mechanism shown in equation 20.

The strong chloride ion concentration dependence 
observed for the Pu(VI)-Sn(II) reaction has been 
observed in the stannous reduction of many other 
reducible cations; for example, Fe(III) and 
Pu(IV). It seems to be well established that the 
species of tin (II) which is responsible for the 
reduction process is the chloro-complex or com
plexes; the inclusion of chloride ions into the ac
tivated complex apparently provides a more 
favorable configuration for the oxidation-reduction 
process than is capable of being formed in per
chlorate media.

In studies of the reduction of uranyl, neptunyl 
and plutonyl ions with various cations in per
chlorate media, the observed rate expressions often 
exhibit an inverse hydrogen ion concentration 
dependence which implies that one or more hydro
gen ions are lost in the formation of the activated 
complex. In the present study, there appears to 
be an exception to this generalization inasmuch as 
it has been found that the reduction of plutonyl 
with stannous ion is hydrogen ion independent. 
However, in this latter case, chloride ion was 
present in appreciable concentration and tin (II) 
is rather strongly complexed by this anion. Also, 
in contrast with some of the other reductants, 
stannous ion is little hydrolyzed in the range of 
acidities used in the present experiments. It 
seems likely that in chloride solution the other 
actinide -yl ion types may also show a zero order 
hydrogen ion concentration dependence with Sn(II) 
and other relatively little hydrolyzed reductants 
with the chloride ion apparently assuming the func
tion which hydroxyl ion (or oxide ion) performs in 
the formation of the activated complexes in per
chlorate solutions.

Entropy of Activated Complexes.— In the study 
of the influence of charge upon the entropy of the 
activated complex, it has been observed that a 
decreased positive charge corresponds to a more 
positive entropy of the complex.125 This con
clusion is supported in the present work with ac
tivated complexes of charge +1 and zero. The 
latter represents an extension of previously recorded 
information to an additional charge type.

It is of interest to note that although it is not 
possible to distinguish between a single or a two 
chloro-complex model for Pu(YI) on the basis of 
the analysis of spectrophotometric data, it is of 
little consequence insofar as its effect upon the in
terpretation of the kinetic data is concerned. 
With both models it is concluded that parallel 
paths in which three and four chloride ions are 
involved constitute the rate-determinmg steps. 
Also, independent of the model choice, the entropies
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of the correspondingly charged activated com
plexes are essentially equal within experimental 
error.
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Previous work has shown the possibility of measuring adsorption isotherms by a continuous flow technique. Basically 
this method involves the transport of a continuous stream of adsorbate vapor through a packed column of adsorbent by an 
inert, non-adsorbable carrier gas stream. After saturation of the column, the adsorbed material is eluted by the carrier gas 
stream alone. From analysis of the effluent gas, it is possible to calculate the adsorption isotherm provided all diffusional 
effects are eliminated and the adsorption equilibrium is rapidly established. This method is ideally suited for study of high 
temperature adsorption because the low contact times afforded by the flow method tend to minimize the decomposition of 
the adsorbate. Also, the adsorption equilibrium can be expected to be rapidly established at these conditions. To verify 
the theoretical principles, experiments were made with n-butane on silica gel at 48° covering a wide range of partial pressures. 
Good agreement was observed between the flow and equilibrium isotherms. The technique was then extended to the 
measurement of ammonia isotherms on both fresh and steam-deactivated Si02-Al20 3 cracking catalyst, Si02 gel and 7?-Al20 3 
at 260 to 482°. Both a reversible and irreversible adsorption occur on the catalysts and -̂A120 3. The amount adsorbed 
decreases with temperature. The steam-deactivated catalyst adsorbs considerably less than the fresh material. Little 
difference is seen in the adsorption behavior of fresh Si02-A l20 3 and the non-catalytic ij-A120 £. Silica gel exhibits only a 
negligible amount of reversible and no irreversible adsorption even at the lowest temperature.

I. Introduction
Advantages for studying catalytic materials 

under conditions approaching as closely as possible 
those used in the actual reaction have recently been 
emphasized by Heinemann.2 One of the most 
extensively used methods for studying catalytic 
surfaces has been that of adsorption. Since a 
majority of reactions in the petroleum industry 
occur at high temperature, adsorption measure
ments in static systems have been difficult to make 
because of decomposition. To avoid this, flow 
systems can be used to decrease the contact time 
and thus minimize decomposition.

The purpose of this investigation was to de
termine whether reasonably accurate adsorption 
isotherms could be determined in a flow system 
according to the principles of Wilson,3 de Vault4 
and Glueckauf.8 Basically, the method consists 
in transporting a continuous stream of adsorbate 
t hrough a column of initially unsaturated adsorbent 
by means of an inert, non-adsorbable carrier gas. 
This continuous flow method is to be distinguished 
from that of pulse flow reported previously.6'7 
After saturation, the adsorbed material is eluted 
by the pure carrier gas alone. From an analysis 
of the composition of the effluent stream as a func
tion of time, the adsorption isotherm can be 
calculated provided that (1) diffusional effects are 
kept to a minimum and (2) the adsorption equi
librium is rapidly established. These’ conditions

(1) Paper presented at A.C.S. Southwest Regional Meeting, Okla
homa City, Oklahoma, December 1-3, 1960.

(2) H. Heinemann. Sec. International Congress on Catalysis, 
Paris, France, July 4-9, 1960.

(3) J. N. Wilson, J. Am. Chem. Soc., 62, 1583 (1940).
(4) D. de Vault, ibid., 65, 532 (1943).
(5) E. Glueckauf, J. Chem. Soc., 1302 (1947).
(6) P. E. Eberly, Jr., J. Phys. Chem., 65, 68 (1961).
(7) P. E. Eberly, Jr., and E. H. Spencer, Trans. Faraday Soc., 57, 

289 (1961).

can be expected to be essentially fulfilled at high 
temperatures.

Figure 1 illustrates the method of calculation 
for a system exhibiting a Langmuir-typo isotherm. 
Here, the concentration of adsorbate (c) in the 
effluent stream is plotted as a function of time. 
If the two previously mentioned conditions are 
met, the adsorption front will be sharp whereas the 
desorption branch will be diffuse in nature. From 
a knowledge of the “ break-through” time of the 
adsorption front, the amount of material adsorbed 
at the concentration, Co, of . he incoming stream can 
be determined. This is proportional to the area 
ABDO. The desorption branch of the curve can 
be used to calculate the amount adsorbed at any 
desired concentration from zero up to the maximum 
concentration, c0. This is done by means of the 
equation

x =  X 1000
m

where
x  — amount adsorbed at concn. C (Point G in Fig. 1) in 

mmoles/g.
n  =  moles of pure carrier gas passed after shutting off the 

adsorbate stream. This corresponds to the 
amount passed in the time interval, H-E, in Fig. 1 

c =  concn. of adsorbate at Point G in moles of adsorbate/ 
mole of carrier gas

Thus, the term n c  is proportional to the area EFGH 
in Fig. 1.

i/C =  the amount of adsorbate remaining in the column 
when the concn. is c. This corresponds to the area 
GHI

m  =  grams of adsorbent
In this manner, many points on the isotherm can 
be determined from only a single flow curve. 
Gregg and Stock8 showed reasonably good agree
ment between isotherms measured in this manner
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Fig. 1.— Diagram illustrating calculation of adsorption 
isotherm from continuous flow data. This plot shows the 
concentration of adsorbate (c) in the effluent gas as a func
tion of time. The symbols, co and c represent, respectively, 
the inlet adsorbate concentration and the concentration 
corresponding to points F and G in the diagram.

Fig. 2.— Cell response as a function of //-butane concentra
tion.

0 20 40 (it) 80 100 120 140 100 180
No. of chart scale divisions (1 div. = 20 sec.).

Fig. 3.— Continuous flow curves of «-butane on silica 
gel at 48°. The column consisted of 4.2 g. of silica gel 
packed into standard y 4" stainless steel tubing resulting in 
bed length of 28 cm. The combined flow rate of «-butane 
and helium was 50 cc./min. at room temperature and 
pressure. Time, U, represents the time when the introduc
tion of «-butane to the column was discontinued.

and those determined in a static system. From 
these flow isotherms, corresponding surface areas 
can bo estimated by the BET method.

(8) S. J. Gressg and R. »Stock, See. Symposium on Gas Chromatogra
phy, M ay 19—23, 1958. Preprints published by Butterworth’s Sci. 
Publ. (London,', 1958.

To verify the theoretical principles, experiments 
were made with «-butane on silica gel at 48° 
covering a wide range of partial pressures. The 
technique was then extended to the study of am
monia adsorption on both fresh and steam-deacti
vated Si02-A l20 3 cracking catalysts at temperatures 
of 260, 371 and 482°. For comparative purposes, 
measurements were also made on ij-A120 3 and Si02 
gel.

II. Experimental
The apparatus consisted essentially of a gas injection 

system connected in series to a packed column of adsorbent 
and a thermal conductivity cell. To avoid unnecessary dif- 
fusional effects, every attempt was made to minimize ex
traneous void volumes. The gas injection system for per
mitting the instantaneous introduction of a stream of con
stant composition to the column has been described pre
viously.9 Helium was selected as the carrier gas and the 
adsorbate, «-butane or ammonia, was introduced into the 
helium stream by insertion of a hypodermic needle through a 
silicone rubber disc. For helium and «-butane, flow rates 
were measured by observing the movement of a soap film 
through a buret. Ammonia flow rates were measured with 
a rotameter.

The columns were constructed of 1 /4" stainless steel 
tubing (i.d. =  0.18 in.). The solid adsorbents were pre
pared in a 48-60 mesh particle size. Particles much smaller 
than this create excessive pressure drops which distort the 
shape of the curve. Also, if the particle size becomes too 
large, diffusional effects may create some distortion. For 
our lower temperature work with «-butane, the column was 
maintained at a constant temperature by use of a water- 
bath. A fluidized-sand bath similar to that described by 
Adams, Gernand and Kimberlin10 was used for our high 
temperature work with ammonia.

Concentrations of adsorbate in the effluent stream were 
measured by a Perkin-Elmer thermal conductivity cell 
which has a fast time constant of less than 0.5 second. With 
«-butane concentrations up to 50 mole % , the response of 
the cell at a given sensitivity was not linear with concentra
tion. The calibration curve to convert cell response to con
centration is shown in Fig. 2. The length of the vertical 
lines shows the variability at various concentration levels. 
The deflection of the cell with ammonia was linear up to 
maximum concentration of ~  7 mole % .

The source and physical properties of the porous materials 
are shown in Table I. The gases were obtained from the 
Matheson Co. The purities of helium, «-butane and am
monia were 99.99, 99.85 and 99.99%, respectively.

Porous material

T able I

»Source
Surface
area,
m-Vg.

Pore
volume,
cc./g.

Fresh 13% AF< >3 
87% Si02 Davison Chem. Co. 499 0.35

St earned 13% AljOr- 
87% Sit h" Davison Chem. Co. 283 .33

Ij-Ab( )3 Nat. Aluminate 
Corp. 236 .42

Sit )•. gel Davison Chem. Co. 585 .31
“ Steamed for 24 hours at 538° and 1 atm

III. Results
a. /(-Butane on Silica Gel at 48°.— The column 

consisted of 4.2 g . (5 cc.) of silica gel packed into a 
0.18 in. i.d. stainless steel tube resulting in a bed 
length of 28 cm. Prior to the adsorption measure
ments, dry helium was allowed to flow through the 
column for a period of 16 hours at 48°.

Six flow curves were obtained with streams con
taining 3.8, 9.6, 20.0, 28.9, 40.2 and 49.7 mole %

(9) P. E. Eberly, ,Jr., Trans. Faraday Son., 57, 1169 (1961).
(10) C. E. Adams, M . O. Gernand and C. N. Kimberlin, Jr., Ind. 

liny. Chetn., 46, 2458 (1954).
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n-butane. Three of these curves are shown in 
Fig. 3. In these experiments, the respective in
dividual flow rates prior to injection were so 
adjusted so that the total combined rate was always 
maintained at 50 cc./min. The ordinate represents 
the deflection in mm. at 0.8% sensitivity of the 
conductivity cell. The abscissa is the number of 
chart scale divisions (one division being equal to 
20 seconds). The time, fl, represents the time 
when the injection of n-butane was discontinued.

The absence of diffusional effects and rapid 
establishment of adsorption equilibrium are in
dicated by the sharpness of the adsorption “ break
through” curve. The amount adsorbed at the 
maximum concentration (c0) for each of the six 
runs was calculated from these “ break-through” 
times.11 This represents the equilibrium isotherm 
and is represented by the circled points in lug. 4. 
To further substantiate that, equilibrium had been 
established, several determinations were made at 
a lower combined flow rate of 30 cc./min. These 
results agreed with the isotherm measured at 50 
cc./min.

The area under the desorption curves of Fig. 3 
is considerably larger than that of the adsorption 
front. This is due to the non-linearity of the cell 
response. By use of the calibration curve in Fig. 
2, the desorption curves are replotted to yield curves 
of concentration vs. time. The amount of n-butane 
desorbed was thus found to be equal to the amount 
adsorbed. This was true for every run except 
that using 49.7 mole %  n-butane. The discrepancy 
can be attributed to a lack of sufficient precision in 
the cell calibration curve at high partial pressures 
of n-butane.

Flow isotherms determined from the desorption 
curves of the five remaining runs arc shown in 
Fig. 4 and compared with the equilibrium isotherm. 
Extremely good agreement was observed with the 
exception of the isotherm calculated from the 40.2 
mole %  n-butane flow curve. The deviation was 
7% higher than the equilibrium isotherm at the 
highest partial pressure. This can be attributed to 
the variability in the calibration curve.

Since the curves were in such good agreement, 
it was thought interesting to determine the surface' 
area of the silica gel from this isotherm. The data 
were replotted in the BET manner. The resulting 
surface area is listed in Table II and compared 
with the area obtained with n-butane at 0° in a 
static system. The values are of the same order 
of magnitude. The surface area from the static 
isotherms is about 80 m.2/g. higher which is due 
to the increased severity of degassing the sample 
under vacuum at 300°. It has been found that 
(he area obtained from a butane isotherm must be 
multiplied by a correction of 1.5 to make it, agree 
with the one obtained from the nitrogen isotherm.12 
This value of 570 m.2/g. shown in parenthesis in 
Table II and was calculated from the static iso
therm.

Since many points on the isotherm can be de
termined from only a single flow curve, this method

(11) From runs with argon, a non-adsorbable gas, the correction for 
flow through the dead space was found to be negligible.

(12) P. H. Emmett. “ Catalysis I,”  Reinhold Publ. Corp., New 
York, N. Y., 1954, Cliapt. II.

Moles of n-butane/mole of helium.
Fig. 4.— Comparison of calculated isotherms with equi

librium isotherm of »-butane on silica, gel at 48°. The 
isotherms calculated from the How curves of 3.8, 20.0 and 
28.9 mole %  ra-busanc coincided with the equilibrium curve.

Partial pressure of NH3, mm.
Fig. 5.— Adsorption isotherms of XH3 on fresh and steam- 

deactivated SiOs-AljOs cracking catalyst.. The circles and 
squares represent data with the fresh and steam-deactivated 
silica-alumina cracking catalysts.

Table II

A'm,
Area 01 

»/-butane Surface
mmoles/ molecule, area.

K- A. 2
71-C4 Flow isotherm at 48° 1.299 58.0 300
n -C t Static isotherm at 0°" 1.765 35.7 380 (570)
N2 Static isotherm at —190° 5.99 16.2 585

“ Sample outgassed at 300° for 8 hours. h Obtained by 
multiplying surface area of »-butane (static method) by 
correction factor of 1.5.

may show some advantage over a static system for 
routine, measurement of surface areas.

b. Ammonia on S iO -A l2O s, S i02 Gel and
77-Al20 3 at 260-482°.— The method discussed in the 
previous section was applied to the study of am
monia adsorption at high temperatures on silica - 
alumina cracking catalysts and related solids.
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Partial pressure of NH3, mm.
Fig. 6.— Adsorption isotherm of NH3 on ij-AhO,.

Many papers have appeared on the correlation of 
catalytic activity with surface acidity as measured 
by various methods. Such investigators include 
among other Tamele,13 Benesi,14’15 and Mills, 
Boedeker, Oblad and Milliken.16-17 Very little 
work, however, has been done on ammonia adsorp
tion at high temperatures. It was thought that 
flow adsorption isotherms of NH3 might be useful 
in elucidating the nature of catalytic activity at 
high temperatures.

For fresh SiOi-AljOs, the column consisted of 
4.099 g. (5 cc.) packed into 0.18 in. i.d. stainless 
steel tubing resulting in a bed length of about 30 
cm. The particle size was 48-60 mesh. Prior to 
the adsorption experiments, the column was 
flushed with helium at 50 cc./min. for a period 
of 16 hours at 538°. The temperature was then 
lowered to 482° and ammonia injected at a partial 
pressure of about 40 mm. After steady-state had 
been reached, the injection was discontinued and 
the adsorbed material was eluted from the column 
by the helium stream alone. After flushing for an 
hour, no more ammonia could be detected in the 
effluent stream. The portion remaining on the 
surface at this time was defined as the amount of 
irreversible adsorption. The temperature was 
then lowered successively to 371 and 260° and the 
ammonia injection performed at each temperature.

Since we are dealing with at least two types of
(13) M. W. Tamele, Disc. Faraday Soc., 8, 270 (1950).
(14) H. Benesi, J. Am. Chem. Soc., 78, 5490 (1956).
(15) H. Benesi, J. Phys. Chem., 61, 970 (1957).
(16) G. A. Mills, E. R. Boedeker and A. G. Oblad, J. Am. Chem. 

Soc., 72, 1554 (1950).
(17) T. H. Milliken, G. A. Mills and A. G. Oblad, Disc. Faraday Soc., 

8, 279 (1950).

adsorption, reversible and irreversible, the adsorp
tion isotherm can only be evaluated if we make the 
assumption that the amount of irreversible adsorp
tion is independent of ammonia pressure. If this 
is done, one obtains the Langmuir-type isotherms 
shown in Fig. 5. The data in this figure and sub
sequent Fig. 6 represent the total adsorption includ
ing both reversible and irreversible as a function of 
partial pressure. In Table III, the amount of the 
two adsorptions at the three temperatures is listed.

T a b l e  III
H ig h  T e m p e r a t u r e  A dso rptio n  of N H 3 a t  40 Mm.

Adsorbent
Temp.,

"C.
Mmoles of NH3 adsorbed/g. 
Irrev. Rev. Total

Fresh SÍO2-A I 2O 3 482 0.035 0.081 0.116
371 .066 .094 .160
260 .127 .111 .238

Steamed S1O 2-A I 2O 3 482 0 .055 .055
371 0.010 .063 .073
260 .024 .070 .094

27-A I2O 3 482 .032 .082 .114
371 . 104 .087 .191
260 .182 .116 .298

S i0 2 482 0 .009 .009
371 0 .010 .010
260 0 .012 .012

A similar set of experiments was performed on 
an identical column of silica-alumina which had 
been steamed for 24 hours at 538° and 1 atm. 
pressure. After steaming, the column was flushed 
with dry helium for 16 hours at 538°. Results of 
the ammonia adsorption are shown in Fig. 5 and 
Table III. With the steamed catalyst, no irrevers
ible adsorption was observed at 482°. At the 
lower temperatures, however, it did occur. The 
amount was still much smaller than observed with 
the fresh catalyst. At 260°, for instance, the 
amount of irreversible adsorption was only y 6 of 
that of the fresh material.

Determinations were also made on a similar 
column of j)-A120 3. These results are shown in 
Fig. 6. The data in Table III show that the 
amount of irreversible ammonia adsorption on 
alumina is comparable to that on fresh silica- 
alumina. Since alumina is much less active as a 
catalytic cracking catalyst, this adsorption must be 
different in nature from that on silica-alumina.

Silica gel exhibited no irreversible adsorption at 
even the lowest temperature. Reversible adsorp
tion was also very small in spite of the fact that the 
gel had the highest surface area among the porous 
materials.

From the variation of the amount of adsorption 
with temperature, one may calculate an apparent 
heat of adsorption. For the reversible portion, the 
heat of adsorption for the cracking catalysts and 
17-alumina was roughly one kcal./mole. This is 
of the same order of magnitude as the extrapolated 
value of the heat of vaporization of ammonia. 
However, these surfaces may be decidedly different 
from that of silica gel since the latter had only a 
negligible capacity in comparison to the other 
solids even at the lowest temperature.

Within the precision of our data, the irreversible
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adsorption of the alumina cannot be distinguished 
from that of silica-alumina by the temperature- 
dependence of the amount adsorbed. All three 
solids exhibit a heat of about 5 kcal./mole.

IV. Discussion
From the results of this work, and that reported 

previously,8 it has been found that sufficiently 
accurate adsorption isotherms can be determined 
from continuous flow curves. As such, it holds 
promise as a useful tool for investigating catalytic 
surfaces at temperatures close to those where the 
actual reaction occurs. As pointed out by Heine- 
mann,2 this is an area which needs to be investi
gated more thoroughly. Use of flow isotherms may 
also hold some promise for routine measurement of 
surface areas since many points on the isotherm can 
be determined from only a single flow curve. Care 
must be taken, however, to avoid diffusional effects 
and to ensure rapid establishment of equilibrium.

The results of high temperature ammonia ad
sorption on silica-alumina cracking catalyst are 
in essential agreement with previous work using 
quinoline at 315 ° .16’17 The steamed catalyst which 
is known to be less active shows a smaller degree

of irreversible adsorption than the fresh material. 
Also, the non-catalytic silica gel shows no irreversible 
adsorption.

The results with alumina, however, do not fit 
the general picture. From ammonia adsorption 
data, it would be difficult to distinguish this ma
terial from fresh silica-alumina. A plausible ex
planation is that the alumina contains a distinctly 
different proportion of the so-called Lewis and 
Bronsted acid sites. The data reported here are 
not sufficient to distinguish between these two 
types of acidity.

The reversible portion of adsorption, however, 
cannot be completely ignored. If it were independ
ent of the nature of the surface, we would expect 
the silica gel, having the largest surface area, to 
exhibit the greatest amount of reversible adsorp
tion. Since, however, it had only a very small 
capacity, the comparatively large reversible ad
sorption associated with alumina and silica- 
alumina may be of significance in catalysis.
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The low temperature heat capacities of strengite, FeP04-2H20(e), and amorphous FeP04-2H20  were measured between 
8 and 310°K. The respective entropies at 298.16°K. are 40.93 and 45.07 e.u.—the enthalpies, 6007 and 7121 cal. mole-1. 
The heat capacity curve for strengite shows a peak with a maximum at or below 7.5°K. A peak in the curve for the amor
phous material is less pronounced. The heats of formation, as determined in a solution calorimeter, and calculated solu
bility products are —451.5 keal. mole-1 and log K sp =  —34.56 for strengite, —444.1 keal. mole-1 and log A ap =  —30.02 for 
amorphous FeP04-2H20.

Compounds associated with the phosphorus 
status of soils command the attention of soil scien
tists— chemists and agronomists alike. Ferric phos
phate dihydrate, FeP04-2H20, is such a compound. 
Although interest centers mainly on strengite, the 
crystalline form, even semiquantitative distinctions 
between the respective properties of crystalline 
and colloidal FeP04-2H20  are noteworthy.

Presented here are measurements of the heat 
capacities of crystalline and colloidal FeP04-2H20  
at 7.5 to 300°K., entropies and heat contents at
298.16 °K. derived therefrom, the heats of formation 
as determined by a method of solution calorimetry.

Materials and Apparatus.— Crystalline and colloidal Fe- 
P04-2H20  were prepared by methods that have been de
scribed.1’2 The crystals of strengite averaged 10 y  in 
length. Their surface area (by glycerol adsorption) was 
0.79 sq. m ./g.— an area considered unlikely to introduce

(1) W. E. Cate, E. O. Huffman and M. E. Deming, Soil Sci., 88, 130
(1959) .

(2) E. O. Huffman, W. E. Cate and M. E. Deming, ibid., 90, 8
(1960) .

significant surface energy effects into the heat capacity 
measurements.

Although the crystals were dried at 105° without signifi
cant loss in weight below the dihydrate composition, they 
lost part of their w ater of hydration when dried under vacuum 
at room temperature. Hence, in the helium-displacement 
of air from the low temperature calorimeter preparatory to 
sealing it, the calorimeter was evacuated as rapidly as was 
feasible to <  1 mm., helium wrns admitted to 1 atm., the 
evacuation was repeated, and helium was admitted to 0.3 
atm.

The colloidal phosphate was vacuum desiccated to lower 
its wrater content to 2 moles. Its surface area (by glycerol 
adsorption) was 60 sq. m./g. Although similarities have 
been noted in the properties of the crystalline and colloidal 
forms of ferric phosphate dihydrate,b2 there is no conclusive 
evidence that the thermodynamic values reported here for 
the colloidal material would have been obtained wTith the 
strengite had its surface area been increased to 60 sq. m./g. 
Electron diffraction patterns for the colloid showed a struc
tural orderliness suggestive of strengite.2

The calorimeter was charged with the colloidal material in 
a nitrogen-filled dry box. Samples taken immediately be
fore and immediately after filling the calorimeter showed a 
slight dehydration in the dry box, and the average composi
tion was assumed to represent the calorimeter charge
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Fig. 1.—Low temperature heat capacity peaks for FePOj— 
•2H20.

r<w IkOf, ILO
Before 42.77 38. Ü6 19.17
After 42.85 38.12 19.03
Average 42.81 38.0!) 19.10
Theory 42.73 37.08 19.29

Anhydrous ferric chloride was prepared3 4 in a closed system. 
The product contained 34.46% Fe and 6o.09% Cl (stoichio
metric values, 34.43 and 65.57%). The final trap was 
transferred to a dry box for filling thin-walled, glass bulbs. 
The only chance for exposure of the hygroscopic salt, to moist 
air wars during the moment minimi to connect a bulb to a 
drying train preliminary to sealing of I he neck.

Phosphoric acid (H,P04-1.00551I>0 by chemical analysis) 
was prepared by dilution of the hemihydrate crystallized 
from reagent grade phosphoric acid.

Hydrochloric acid (H01-7.9935H20  by chemical analysis) 
was prepared by dilution of the reagent acid.

The low temperature calorimeter1'6 and the solution calo
rimeter6 have been described.

Each measurement of a heat, of solution was made in 850 
ml. of solvent. Electrical calibrations were made over the 
same temperature interval immediately before and after 
each measurement.

Temperatures were measured to four decimal places for 
calculation of small differences, then were rounded to two 
places for tabulation. The defined calorie was taken as 
4.1840 abs. j., the ice point as 273.16°Iv. The calorimeter 
resistance thermometers were calibrated by NBS to 10°K.;

(3) Betty Rapp Tarr in “ Inorganic Syntheses,”  Vol. I ll, edited by 
L. F. Audrieth, McGraw-Hill Book Co., Now York, N. Y., 1950, p. 191.

(4) E. P. Egan, ,Tr., Z. T. Wakefield and K, L. Elmore, .7. Am. 
Chem. Sor., 73, 5579, 5581 (1951).

(5) E. P. Egan, Jr., and Z. T. Wakefield, J. Phys. Chem.. 64, 1953
(l<mO).

(*•) E- P. Egan, Jr., and B. B. Luff, ibid., 65, 523 (1901).

for measurements at lower temperatures, the NBS tempera
ture-resistance tables at 1° intervals were extended to 7°K. 
by smooth extrapolation of first and second differences.

Low Temperature Heat Capacities. Strengite.—
The calorimeter contained 52.616 g. (vacuum) or 
0.28158 mole of FeP04-2H20(c). The heat ca
pacity measurements above 30°K. followed the con
ventional pattern for solids. At the lowest 
measured temperature, 7.75°K., a distinct peak 
appeared, and it ivas in evidence up to 30°K. 
Cooling of the full calorimeter below 7.5°K. was 
not possible in a reasonable time with all the re
frigeration available from the helium cryostat. 
The temperature range from 7.5 to 30°Iv. was 
covered three times with reproducible results. 
The measured peak at 7.75°K. was 3.06 cal. 
mole-1 deg.-1. Neither the maximum height of 
the peak nor the. span of its base in the direction 
of lower temperatures was established.

The peak is thought to represent a magnetic 
effect— possibly an antiferromagnetic transition.7- 
The observed heat capacities between 30 and 50 °K. 
plotted against 772 as a straight line passing 
through the origin. This straight line was used 
to establish the “ normal” heat, capacities. The 
side of the peak between 0 and 7.75°K. was filled 
in arbitrarily. The observed area under the peak, 
drawn as shown in Fig. 1, is 1.76 e.u.

The observed molal heat capacities are given 
in Table I. Smoothed heat capacities, entropies 
and enthalpies at integral temperatures are shown 
in Table II.

The entropy of FoP()4-2H20(c) at 298.16°K., 
excluding the area under the peak, is 39.17 e.u. 
The area under the peak, 1.76 e.u., makes a total 
entropy of 40.93 e.u. The accuracy is not esti
mated because of uncertainty about the area under 
the peak. The heat, content (H° — H0°) at 
298.16°K., on the assumption that the measured 
solid represents the ideal state, is 6592 cal. mole-1, 
and the AH under the peak is 15 cal. mole,-1 ; 
total heat content, 6607 cal. mole-1.

The calculations were made on an IBM 704 
computer.5 The average deviation of the observed 
from the smoothed heat capacities was less than 
0.1% above 30°K. At 7.75°K., the deviation was 
20%, largely because of the rapidly changing slope 
in this region.

Colloidal FeP04-2H>0. The calorimeter con
tained 28.532 g. (vacuum) or 0.15269 mole of the 
colloidal material (assumed formula weight, 186.857 
g.). The peak in the heat rapacity was much less 
pronounced than for the strengite. The “ normal” 
heat capacities were established by plotting the 
observed heat capacities between 29 and 50°K., 
divided by the temperature, against T'\ The re
sulting curve was extrapolated smoothly to 0°K. 
The peak (Fig. 1) began at about 7°K., went 
through a maximum of 1.23 cal. deg.-1 mole-1 at 
8.75°K., and joined the “ normal”  curve' smoothly 
at 29°K. The observed molal heat capacities are 
given in Table III. Smoothed values of heat 
capacity, entrophy and enthalpy at integral tem-

(7) E. F. Westrum, Jr., and F. Gr0nvold, J. Am. Chem. Soc.. 81, 1777 
(1959).

(8) E. F. Westrum, Jr., and C. Chou, ./. Chem. Phys., 30, 701 
(1959).
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T a b l e  I
O b s e r v e d  H e a t  C a p a c it y  of FeP04-2ir20(e), Cal. D e o . “ 1 

Mole-1
T, 5K. A T C p T, °K. A T C’p

7.75 0.23 3.095 127.46 8.26 19.87
8.23 1.34 2.055 131.96 8.57 20.74
8.27 0 .50 2.288 135.79 8.40 21.35
9.21 0.51 1.429 140.34 8.19 22.13
9.32 1.12 1.460 144.25 8.54 22.82
9.88 0.60 1.309 148.58 3.39 23.59

10.01 1.47 1.320 153.30 8.67 24.37
10.74 0.77 1.203 157.28 9.02 25.00
12.81 3.82 1.055 161.82 8 .37 25.71
13.60 0.22 1.055 165.92 8 .24 26.37
17.02 4.30 0.950 170.06 8.11 27.02
19.79 4 .90 0.991 174.48 8.88 27.72
21.61 4 .66 1.069 178.49 8.75 28.32
25.43 5.98 1.288 182.81 7.77 28.96
26.58 5.07 1.382 186.70 7.67 29.52
31.10 5 .22 1.828 189.65 5.92 29.93
31.73 5 .00 1.904 193.46 5.85 30.43
37.09 6.70 2.597 196.37 3.56 30.82
37.54 6 ,54 2.660 198.25 7.05 31.10
43.05 4.42 3.469 202.24 8.19 31.59
43.30 5.64 3.518 206.07 8.60 32.14
48.27 5.97 4.382 210.35 8.02 32.60
49.37 6.46 4.581 214.30 7.86 33.22
53.17 3.79 5.288 218.29 7.86 33.69
55.01 4.79 5.632 222.09 7.71 34.22
56.07 3.17 5.831 226.08 7.72 34.69
56.42 5.23 5.908 229.73 7.57 35.19
59.58 3.84 6.515 233.73 7.58 35.66
61.77 5.46 6.976 237.24 7.45 36.12
64.09 5.17 7.451 241.24 7.45 36 60
67.32 5.63 8.102 244.62 7.32 37.05
69.74 6.14 8.565 248.63 7.33 37.52
73.02 5.79 9.221 251.88 7.20 37.91
75.58 5.54 9.759 255.91 7.22 38.37
78.87 5.91 10.47 259.58 7.59 38.77
82,02 5.01 11.13 262.59 7.13 39.15
83.49 8.14 11.43 267.07 7.98 39.66
88.37 7.67 12.41 270.17 8.03 40.05
91.62 8.12 13.04 276.39 6.37 40.73
95.74 7.08 13.84 280.15 7.50 41.16
99.11 6.84 14.51 283.53 7.91 41.56

103.23 7.90 15.31 287.60 7.39 42.00
106.68 8.31 15.97 291.12 7.28 42.39
111.19 8.01 16.83 295.45 8.32 42.85
115.02 8.38 17.55 299.12 8.71 43.26
119.26 8.13 18.36 306.26 5.57 44.01
123.44 8.46 19.13 311.50 5.02 44.50

peintures; are shown in Table TV. The average
deviation of the observed from the smoothed heat 
capacities was 0.1% or less above 30 °K.

The entropy at 298.16°K. of the colloidal 
FeP04-2H20, from the heat capacities represented 
by the “ normal”  curve, is 44.58 e.u. The area 
under the peak contributes 0.49 e.u., making a total 
entropy of 45.07 e.u. The heat content {H° — 
H0°) at 298.16°K., from the “ normal” heat ca
pacities, is 7115 cal. mole““1; the area under the 
peak contributes 6 cal. mole-1, making a total 
heat content of 7121 cal. mole-1.

The difference in entropy of the crystalline and 
colloidal materials, as used, was 4.1 e.u. At 30°K., 
the measured heat capacity for the colloid was about

T a b l e  II
M o la l  T h e r m o d y n a m ic  F u n ction s  of FeP04-2H20(c) 

(In c lu d in g  P e a k )
r . Cn,

cal. deg. 1
s°, H» -  Ha«,

°K . cal. deg. 1 cal.
10 1.301 1.45 9.49
15 0.972 1.89 14.96
20 1.004 2.17 19.79
25 1.258 2.42 25.36
30 1.725 2.68 32.69
35 2.318 2.99 42.77
40 3.005 3.34 56.03
45 3.803 3.74 73.01
50 4.687 4.19 94.20
60 6.618 5.21 150.6
70 8.612 6.38 226.7
80 10.71 7.67 323.3
90 12.73 9.04 440.5

100 14.68 10.49 577.6
110 16.54 11.98 733.9
120 18.55 13.50 909.3
130 20.43 15.06 1104
140 22.02 16.63 1316
150 23.81 18.21 1543
160 25.44 19.80 1792
170 27.01 21.39 2054
180 28.54 22.98 2332
190 29.97 24.56 2625
200 31.32 26.13 2931
210 32.63 27.69 3251
220 33.93 29.24 3584
230 35.21 30.78 3930
240 36.46 32.30 4288
250 37.68 33.82 4659
260 38.85 35.32 504 _
270 40.01 36.80 5436
280 41.15 38.28 5842
290 42.26 39.74 6259
300 43.35 41.19 6687
273.16 40.37 37.27 5563
298.10 43.15 40.93 6607

twice that for the crystals; at 200 °K. and above, 
the difference was about 5%. The difference was 
approximately constant at 2 cal. deg.-1 mole-1 at 
all temperatures above 30 DK.— the region above the 
peak. The percentage cifference is greater than 
that reported for MgO.9 The higher entropy for 
the colloid probably includes a zero-point entropy 
which is difficult, to estimate from the information 
available on iron phosphates.

Heats of Formation. Strengite.—The heat of 
formation of strengite was determined from ap
propriate measurements of heats of solution with
4.036 molal hydrochloric acid as the solvent. The 
measurements were based on the reaction scheme
FeCl3(c) +  H3PO4 1 ,0055H20  (soln.) +  24.9750H20(1) = 

FeP04-2H20(c) +  3(HCl-7.9935H20)(so!n.) (1)
H3P04(1) +  1.0055H20(1; =  I FPOr 1.0055H20  (sol n.'i (2) 

H3P04(c) =  H3P04(1) (3)
3(HCI 7.9935H20 ) (soln.) =  3HCl(g) +  23.9805H2O(l) (4)

FeCh(c) +  HiPOdc) +  2H20(1) = FeP04-2H20(c) +
3HCl(g) (5)

The heats of solution for reactants and products
({)) W. F. Giauqi.e, J. Am. Chem. Soc., 71, 3192 (1949).
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T a b l e  III
O b se r v e d H e a t C a p a c it y  of CoLLOIDA]l FeP0»-2H20,

C a l . D e g ." 1 M o l e -1
t , °K. AT CV T, “K. AT Cp

7.97 1.19 0.293 132.04 0.68 22.58
8.23 0.98 .392 136.00 8.23 23.19
8.52 .67 1.088 139.95 9.14 23.86
8.71 1.51 1.226 144.09 7.95 24.49
9.04 1.57 1.096 148.41 7.79 25.23
9.94 2.04 1.043 152.17 8.20 25 80
9.94 0.86 1.081 156.34 8.08 26.47

10.66 1.61 1.045 160.27 8.00 27.06
13.77 5.36 1.288 104.55 8.35 27.74
13.77 6.66 1.313 168.93 7.77 28.41
18.96 4.75 1.844 172.56 7.67 28.93
19.09 3.92 1.864 176.83 8.04 29.59
23.07 4.01 2.284 180.62 8.44 30.13
24.02 5.31 2.367 185.05 8.40 30.77
27.61 4.99 2.837 189.41 9.15 31.43
29 33 5.26 3.096 193.57 8.66 31.99
32.65 5.06 3.630 197.95 6.09 32.56
34.94 5.93 4.041 201.32 0.43 33.12
38.57 6.76 4.705 204.49 7.00 33.49
40.94 6.07 5.141 208.18 7.30 34.09
44.58 5.24 5.841 211.92 7.86 34.49
47.25 6.53 6.383 215.91 8.14 35.11
49.95 5.50 6.940 219.71 7.73 35.51
53.04 3.43 7.549 224.36 7.53 36.27
55.24 5.38 7.986 227.87 8.57 36.63
57.77 6.04 8.484 232.30 8.35 37.31
60.74 5.63 9.10S 236.36 8.41 37.70
63.44 5.29 9.694 240.81 8.67 38.37
66.46 5.82 10.34 245.18 9.24 38.79
69.25 6.32 10.86 249.62 8.99 39.43
72.37 6.00 11.44 254.34 9.08 39.94
75.27 5.73 12.02 258.98 9.74 40.52
78 45 6.16 12.69 263.80 9.83 41.09
81.97 8.27 13.42 264.47 5.79 41 10
85.71 7.07 14.19 267.55 7.42 41.60
89.86 7.52 14.96 270.67 0.62 42.03
93.24 7.99 15.59 275.42 4.53 42.47
97.15 7.05 16.28 277.25 6.55 42'. 83

100.98 7.48 17.01 278.11 6.29 42.85
104.64 7.93 17.68 280.83 6.29 43.18
108.58 7.71 18.41 284.59 6.67 43.64
1L2.37 7.52 19.08 287.53 7.11 44.01
116.10 7.33 19.77 291.44 7.04 44.48
120.00 7.75 20.46 295.04 7.91 44.93
124.13 8.74 21.20 299.08 8.26 45.41
127.88 8 .0 : 21.83 303.34 8.69 45.78

in equation 1 were measured directly. Heats
of reaction for equations 2, 3 and 4 were known.

The heat o: solution of H20, 2.6 to 8.4 g., in 850 
ml. of H O  solution was —66.7 ± 1 . 9  cal. mole-1 
(av. of 5 determinations). The heat of solution of 
H3PO4-I.OO.55H2O, 3.1 to 3.8 g., in HC1 solution to 
which had been added the stoichiometric quantity 
of water was —1713.8 ±  5.5 cal. mole-1 H3P 04 
(av. of 4 determinations). The heat of solution 
of FeCl3, 4.3 to 5.2 g., in HC1 solution to which had 
been added the stoichiometric quantities of water 
and phosphoric acid was —25,022 ±  25 cal. 
mole-1 (av. of 4 determinations).

Because of the small supply of strengite, an 
amorphous ferric phosphate of approximately the 
composition of strengite was used in exploration

T a b l e  IV
M odal T h e r m o d y n a m ic  F unctions  ok C o l l o id a l  F e-

P04-2H20  ( I n clu d in g  P e a k )
T. CP,

cal. deg. 1
5“, II0 -  He0,

°K. cal. deg. -1 cal.
10 1.066 0.326 2.558
15 1.425 .814 8.633
20 1.947 1.294 17.04
25 2.507 1.788 28.17
30 3.229 2.306 42.43
35 4.046 2.864 60.57
40 4.961 3.463 83.05
45 5.935 4 103 110.3
50 6.931 4.780 142.4
60 8.972 6.226 221.9
70 11.00 7.758 321.8
80 13.02 9.359 441.9
90 15.00 11.01 582.0

100 16.79 12.68 741,1
110 18.68 14.37 918.5
120 20 46 16.37 1114
130 22.18 17.78 1327
140 23.88 19.49 1558
150 25.46 21.19 1805
160 27.03 22.88 2067
170 28.56 24.57 2345
180 30.05 26.24 2638
190 31.48 27.90 2946
200 32.90 29.55 3268
210 34.28 31.19 3604
220 35.62 32.82 3953
230 36.96 34.43 4316
240 38.21 36.03 4692
250 39.42 37.62 5080
260 40.64 39.19 5481
270 41.88 40.74 5893
280 43.09 42.29 6318
290 44.31 43.82 0755
300 45.47 45.34 7204
273.16 42.27 41.23 6026
298.16 45.27 45.07 7121

of the dissolution in 4.036 rn HC1 at room tem
perature. When the time came to make the 
measurements on the crystals, however, less than 
1 g. would dissolve in the HC1 solution at room 
temperature; to get about 5 g. in solution for a 
satisfactory temperature change, the temperature 
had to be raised to 70°. The average of five de
terminations at 70° of the heat of solution of 4.7 
to 5.0 g. of strengite was 7901 ±  40 cal. m o l e 1. 
This value was corrected to 25° according to the 
scheme
mHCl (soln.), 25° — >■ mHCl (soln.), 70° AH,.

FeP04-2H20(c), 25° — >- FeP04-2H20(c), 70° A H 1

FeP04-2H20(c), 70° +  roHCl (soln.), 7 0 ° ----->
FeP04-2H20  (soln.), 70° A H , 

FeP04-2H20  (soln.), 70“ — o- FeP04-2H20  (soln.), 25°
A H 9

Specific heat data for HCi solutions at the de
sired concentrations and temperatures were some
what meager in the literature.10'11

Specific heats were measured at 25, 40, 55 ai d
(10) G. Akorlof and .T. W. Teare, .7. Am. Cham. Soc., 59, 185.1 (1957).
(11) “ International Critical Tables,”  Vol. V, McGraw-llill Book 

Co., New York, N. Y., p. 115.
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70° for a solution representing the average final 
solution resulting from dissolution of 4.7 to 5.0 
g. of strengite in 822 g. of 4.036 m HC1 solution. 
The measured specific heats in cal./g. solution 
between 25 and 70° were represented by the 
equation c =  0.7863 +  0.0006988/! -  0.000002893P 
with a precision of 0.0006 cal./g. These specific 
heats were used in the calculation of AH6 and A //9 
on the assumption that straight HC1 solution had 
the same specific heats.

The measured heat capacity of strengite, as 
extrapolated from 25 to 70°, was used in the 
calculation of AH7. The average corrected heat 
of solution for FeP04-2H20(c) at 25°, represented 
by the summation A7/6-9, was 3127 cal. m ole"1.

The average heat of solution of HC1-7.9935H20, 
12 to 17 g., in HC1 solution representing the 
average composition of the solution after dissolution 
of the strengite was —271.7 ±  7.0 cal. mole-1 HC1.

Substitution of the measured heats of solution 
in equation 1 yielded a heat of reaction of —29,181 
cal. The heat of reaction for equation 2, as cal
culated from the heat of formation12 of liquid 
H3PO4 and the heat of dilution6 of H3P 04, is 
— 1983 cal. mole-1 H3P 0 4. The heat of reaction 
for equation 3 is 3086 cal. mole-1 II3P 0 4.13 (This 
value represents the heat of fusion at the melting 
point, 315.51 °K .; the absence of a correction to 
298.16°K. introduces a much smaller error than 
the uncertainties in some of the heats of formation.) 
The heat of reaction for equation 4 is 48,948 cal.— 
a value derived from the heat of formation of 
HCl(g)14 ( — 22,063 cal. mole-1) and the heat of 
formation of FIC1-7.9935H20  as calculated by 
fitting a cubic equation to part of the heat of 
dilution data14 for IiCl.

A summation yields for equation 5 a heat of 
reaction of 22,365 cal. Substitution into equation 
5 of the molal heats of formation from the elements 
at 298.16°K.

FeCI3(c), -95,700 cal.16
H3PO4(c), -306,200 cal.14
H;Ofl), -68,317 cal.14
HCl(g.), -22,063 cal.14

yields —451.5 ±  1.0 keal. mole-1 as the heat of 
formation of FeP04-2H20(c) from the elements 
at 25°—a value that may be compared with the 
value14 —440.8 keal. mole-1, which presumably 
was calculated from the heat of formation of 
FeP04(c)16 and the dissociation pressure of FePOj- 
2H20(c.).17

Colloidal FeP 04- 2H.O.—The heat of formation 
of colloidal FeP04-2H20  was determined also 
from pertinent heat of solution measurements in
4.036 m HC1 as the solvent. The only additional 
measurements required were the heats of solution

(12) T. D. Farr, Tennessee Valley Authority, Chem. Eng. Rept., 
No. 8 (1950).

(13) E. P. Egan, Jr., and Z. T. Wakefield, J. Phys. Chem., 61, 1500 
(1957).

(14) National Bureau of Standards Circular 500, U. S. Govt. Print
ing Office, Washington, D. C., 1952.

(15) M. F. Koehler and J. P. Coughlin, J. Phys. Chem., 63, 605 
(1959).

(16) W. A. Roth, A. Meichsner and H. Richter, Arch. Eisenhuttenw., 
8, 239 (1934/5).

(17) K. Sano, J. Chem. Soc. Japan, 59, 1066 (1938).

of the colloidal phosphate, which dissolved readily 
at 25°.

The colloidal preparation, in equilibrium with 
atmospheric moisture, was vacuum-desiccated in 
the thin-walled glass sample bulbs until the 
weight loss indicated removal of the water in excess 
of the stoichiometric FeP04-2H20. Dissolution 
of the product in the hydrochloric acid solvent 
gave -4256, -4230, -4336  and -4184  (av., 
—4252 ±  45) cal. mole-1 FeP04-2H20  at 25°.

The relatively wide spread in the measured 
heats of solution indicated that dehydration of the 
samples through the narrow filling tube may not 
have been uniform— that the samples may have 
been mixtures of over- and under-dehydrated ma
terial. We have noted that the amorphous ma
terial may be dried to a constant composition ap
proximating FeP04-l.lH 20.

Dissolution of the colloidal FeP04-2H20  un
doubtedly included a heat of wetting of a fine 
powder. Three additional samples were brought 
to constant weight over a saturated solution of 
K2H P04 (92% relative humidity). (Soil samples 
equilibrated at relative humidities above 90% 
showed practically no heat effect when wetted by 
water.18) The weight corresponded to the com
position FeP04-6.38FI20. Dissolution of 4.1 to
5.8 g. of this material gave —158, —135 and —129 
(av., —141 ±  11) cal. mole-1 FeP04-2H20  at 
25°. The difference between —141 and —4252 
leaves —4111 cal. mole-1 for the heat of wetting.

The heat of reaction for equation 1 with colloidal 
FeP0 4-2Fl20 substituted for the crystalline stren
gite is —21,802 cal., which combines with the 
values for equations 2, 3 and 4 to yield a heat of 
reaction for summary equation 5 of 24,137 cal. 
mole-1 FeP04-2H20. Substitution of the known 
heats of formation in equation 5, as was done for 
strengite, leads to a heat of formation of colloidal 
FeP04-2H20  of —444.1 keal. mole-1 at 25°, which 
includes the heat of wetting.

A measurement of the heat of solution of col
loidal FeP04-2H20  in the HC1 solvent at 70° would 
have provided a second thermodynamic path as a 
check on the 70-to-25° extrapolation of the solu
tion data for strengite. The supply of the colloidal 
phosphate was exhausted, however, in futile at
tempts to measure its heat of solution at 70°. The 
fragile sample bulbs were ruptured prematurely, 
presumably by the water vapor pressure resulting 
from further dehydration of the solid at 70°.

Solubility Products.—Solubility product con
stants for strengite and amorphous FeP04-  
2H20  at 298.16°K. were calculated on the assump
tion that both ionize according to the scheme
FeP(V2H20  +  (aq.) =  FeP04-2H20(aq.) =  Fe3+(aq.) +

H2P()4-(aq.) +  20H-(aq.) 
AF(aq. — c) =  Aff(aq. — c) — ?AS(aq. — c)

AF  =  — R T  In /v8p

The heats of formation and entropies of the ions 
were taken from reference 14. Substitution of the 
corresponding heat of formation and entropy for 
each of the indicated species yielded for strengite a

(18) A. N. Puri and R. C. Iloon, Soil Sci., 47, 415 (1939).
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value of log K sp =  —34.56 and for amorphous 
FeP04-2H20  a value of log A'sp =  —30.02. These 
values may be compared with the value of —33.5 
reported by Chang and Jackson19 as a median of

(19) S. C. Chang and M. L. Jackson, Soil Sei. Soc. Am., Proc., 21, 
265 (1957).

values ( — 32 to —35) obtained in direct measure
ments on ferric phosphate dihydrate.

Acknowledgment.—W. E. Cate and M. E. 
Deming prepared the ferric phosphates. Inez 
Jenkins Murphy and J. W. Williard made the 
chemical analyses.
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X-RAY DIFFRACTION OBSERVATIONS OF 
THE Pd-H 2 SYSTEM THROUGH THE 

CRITICAL REGION1 2 3 4 5 6
B y A r n u l f  J. M a e l a n d  an d  T h o m as  R . P. G ib b , Jr .

Department of Chemistry, Tufts University, Medford, Mass.
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The occlusion of hydrogen by palladium has been 
studied extensively (cf. ref. 2). Two solid phases, 
both with a f.c.c. structure, have been identified 
by X-ray diffraction.3-6 The a-phase is formed 
by the absorption of small amounts of hydrogen, 
the maximum composition is about PdH0.03 at 
room temperature, and it has a lattice parameter 
only slightly larger than that of pure palladium 
(3.889 A.). As hydrogen is further absorbed, the 
a-phase becomes unstable and the lattice suddenly 
expands to about 4.018 A. (PdH0.6) to form the 
/3-phase. Additional hydrogen uptake is accom
panied by a gradual expansion of the a-phase 
lattice. X-Ray diffraction studies of the Pd-H 2 
system have, for the most part, been performed at 
room temperature on samples prepared either 
electrolytically or at elevated temperatures. Either 
procedure involves some uncertainty as to what 
may occur in the specimen between the time it is 
charged and the time the X-ray exposure is made. 
Recognizing this problem, Owen and Jones7 and 
Owen and Williams8 charged the specimen from the 
gaseous phase and made the X-ray exposures while 
the specimen was maintained at a definite tempera
ture and constant hydrogen pressure.

The present investigation is an extension of the 
investigation of Owen and Williams to higher 
temperatures and pressures. Six evolution iso
therms, from 206 to 346°, have been traced from 
33 atm. to zero pressure.

Experimental
Apparatus.—The high temperature assembly used has 

been described previously.9 The specimen temperature was

(1) This research was supported by the U. S. Atomic Energy Com
mission.

(2) D. P. Smith, “ Hydrogen in Metals,”  Univ. of Chicago Press, 
Chicago, 1948.

(3) L. W. McKeehan, Phys. Rev., 21, 334 (1923).
(4) J. O. Linde and G. Borelius, Ann. Physik, 84, 747 (1927).
(5) F. Kruger and G. Gehm, ibid., 16, 174 (1933).
(6) G. Rosenhall, ibid., 18, 150 (1933).
(7) E. A. Owen and J. I. Jones, Proc. Phys. Soc. {London), 49, 587 

(1937); 49,603 (1937).
(8) E. A. Owen and E. St. J. Williams, ibid., 56, 52 (1944).
(9) E. J. Goon, J. T. Mason and T. R. P. Gibb, Jr., Rev. Sci. Instr.,

28, 342 (1957).

measured with an accuracy of ± 3 °  or better. All diffrac
tion patterns were obtained with the Straumanis type G.E. 
powder camera and with nickel-filtered copper radiation.

Materials.— The palladium metal was of 99.8% (speci
fied) purity and was obtained from A. D. Mackay, Inc. 
Commercially available hydrogen was purified by passing it 
through a Dcoxo purifier, then through a column of Drierite, 
and finally through a hot uranium getter.

Experimental Procedure.—Two methods of charging the 
specimen with hydrogen were employed. In method (1) 
the hydrogen was admitted at room temperature into the 
evacuated system to the desired pressure. The temperature 
was then raised to its proper value (the temperature of the 
isotherm under study). Both temperature and pressure 
were kept constant one hour or more before making the ex
posure. After the exposure, the specimen was allowed to 
cool to room temperature. Before the next exposure was 
made, the specimen was heated to the temperature of the 
isotherm, the pressure changed and maintained at this new 
value. In method (2) the hydrogen was admitted as in (1) 
and the temperature adjusted to the value of the isotherm. 
After each exposure the pressure was changed and main
tained constant for one hour; this was done, however, w ith 
out coo lin g  the specimen to room temperature. Both 
methods gave similar results.

Lattice Parameter Calculation.— The lattice constants 
were obtained by the extrapolation method of Bradley and 
Jay,10 using the 422, 420, 311 and 400 lines. In some cases, 
the broad diffraction bands, caused by the beryllium sample 
holder, completely masked the 422 and 420 lines. In these 
instances care was taken not to alter the position of the 
specimen during a series of isothermal exposures at different 
pressures. It was assumed that the absorption and asym
metry errors similarly affected the reflections from a partic
ular plane (331) at the various pressures, and the extrapola
tion method could therefore be used (assuming constant 
slope).

Results
Parameter values for the hydrogen charged speci

men, held at 206, 258 and 346°, are listed in Table 
I, along with the various pressures employed. 
Figure 1 is a plot of the lattice parameter versus 
hydrogen gas pressure for each of the six isotherms 
traced. In the favorable cases, i.e., when the 422, 
420, 311 and 400 reflections were unmasked, the 
broadened lines of the /3-phase yielded parameters 
with an accuracy of ±0.004 A., while the 
parameters of the a-phase are less accurate due to 
the very diffuse appearance of the lines. At the 
higher temperatures the lines appeared to be 
partially resolved and the accuracy for the 346° 
isotherm is ±  0.003 A. In the few instances 
when the a-phase and the /3-phase coexisted, the 
lines of the a-phase were so weak that measurement 
was impossible. The presence of the a-phase is 
indicated in the table, however, so that it may be 
known wrhen the two phases coexisted.

(10) A. J. Bradley and A. A. Jay, Proc. Phys. Soc. {London)44, 563 
(1932)*
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T a b l e  I

I sot h e r m a l  V a r ia t io n  o p  L a tt ic e  P a r a m e t e r  o f  P a l 
la d iu m  H y d r id e  w it h  H yd ro g en  G a s  P r e ssu r e

Pres
206° Isoth erm----- - ,-------2

Pres
)8° Isoth 3rm---- s 346° I 

Pres
otherm
Param

sure, Parameter, A. sure, Parameter, A. sure, eter,
atm. a p atm. a p atm. Á.

22.3 4.043 23.3 4.035 33.7 3.997
13.3 4.040 19.4 4.031 31 .7 3.986
5.1 Faint 4.022 16.8 4.027 30.8 3.971
4.5 Faint 4.020 11.8 4.022 28.6 3.961
4.2 Faint 4.015 11.3 4.021 26.9 3.951
3.8 3.916 4.013 10.5 4.021 25.5 3.941
2.7 3.914 10.3 4.021 22.0 3.937
1 .7 3.909 9.9 4.020 19.4 3.933
5.1 Faint 4.025 9.9 4.019 17.3 3.929
5.0 Faint 4.022 9 5 4.020 la .2 3.927
4.8 Faint 4.022 9.4 Faint, 4.016 11.3 3.923
4.4 Faint 4.019 9.3 Faint 4.017 7.9 3.919

14.6 4.038 9.2 3.934 4.1 3.916
7.8 4.034 7.8 3.928
5.8 4.029 7.1 3.926
5.1 4.027 4.4 3.916
4.8 Faint 4.027 2 .0 3.912
4.4 Faint 4.025
4.1 Faint 4.023
3.7 Faint 4.022
3.4 3.920
0.0 3.903

Discussion
From a consideration of Fig. 1 it is evident that, 

in crossing the two-phase region, the 206° isotherm 
exhibits some unusual features not observed for 
the other three isotherms studied below the critical 
solution temperature. Starting with the /3-phase 
at high pressure, it is seen that the lattice param
eter of the /3-phase decreases gradually with de
creasing hydrogen pressure. The rate of change 
in lattice parameter increases as the two-phase 
region is approached. When the pressure has been 
lowered to 5.1 atm., the a-phase makes its ap
pearance. Both the a- and the /3-phase continue 
to coexist as the pressure is further diminished, the 
a-phase continuously increasing in amount. When 
the pressure is decreased beyond 3.7 atm., the /3- 
phase disappears entirely and the parameter of the 
a-phase then decreases linearly with decreasing 
pressure. It should be pointed out that the lattice 
constants of both the a- and the /3-phase decrease 
in crossing the (a +  ¡3) region when the pressure is 
lowered (cf. ref. 8). This is contrary to what is 
expected in a two-phase region of an alloy system 
in a state of thermal equilibrium. In such a case 
the parameters (concentrations) of the two phases 
remain constant within the (a +  0) field. It would 
seem, therefore, that the system is not in a state 
of equilibrium. Owen and Williams8 arrived at 
the same conclusion from their investigation of the 
60, 80, 100 and 120° isotherms. The 206° iso
therm is of the same form as those investigated by 
these authors.

Figure 1 shows that at 206° two different sets of 
parameters were obtained for the /3-phase in the 
region where the a- and the /3-phases coexist. The 
difference is believed to be due to the previous 
history of the sample. This is a form of hysteresis

which is also observed in dissociation pressure 
measurements. The runs are listed in Table I in 
the order in which they were made.

All diffraction patterns taken at 206° of the /3- 
phase contained broadened lines in the back re
flection region. Prolonged heat treatment at the 
temperature of the isotherm did not improve the 
definition of the lines. When the a-phase appeared 
on diminishing the pressure, its presence was first 
indicated by the appearance of low angle lines. On 
further decrease of pressure high angle lines were 
produced, but these were more diffuse than the /3- 
phase lines. The definition of the lines improved 
somewhat with rising temperature. Thus, the 
patterns taken at 346° gave moderately sharp 
lines in the back reflection region. The crossing 
of isotherms in the lower left-hand region of Fig. 1
is, of course, due to the opposing effect of H-content 
and thermal expansion.

The parameters of the a- and /3-phases where 
they coexist are plotted in Fig. 2 for each tempera
ture investigated. The results from Owen’s and 
William’s investigation are also included. When 
the two phases coexist over a range of pressures 
at one particular temperature, the parameters 
recorded are those measured at the pressure when 
the /3-phase disappears with decreasing pressure. 
From Fig. 2 it is evident that the parameter for 
the (¡-phase when it disappears is approximately 
the same at all temperatures from 60° to about 
230°. The parameter of the a-phase, however, 
(measured when the /3-phase disappears) increases 
gradually with temperature. From temperature- 
concentration measurements, it is known that the 
concentration of hydrogen in the /3-phase, measured 
at the right-hand end of the plateaus, decreases 
with increasing temperature. Since the /3-phase 
lattice contracts when hydrogen is removed from
it, it appears that up to about 230° this contraction 
is exactly balanced by the thermal expansion of 
the lattice. For temperatures higher than about 
230° the contraction due to decreasing hydrogen 
concentration in the /3-phase lattice dominates. 
The data indicate a critical solution temperature 
of 308° in fair agreement with the value of 295.3° 
estimated by Gillespie and Galstaun.11

(11) L. J. Gillespie and L. S, Galstaun, J. Am. Chem. Soc., 58, 2565 
(1936).
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The reaction occurring in the plateau region 
can, if we neglect non-stoichiometry, be written

2Pd +  H2 2PdH

The heat of this reaction, [AH], then can be cal
culated from the integrated form of the van’t 
Hoff equation. A logarithmic plot of P vs. l/T 
using the evolution plateau pressures from Table 
II yields a straight line and a value of —9.5 kcal./

T a b l e  I I
P la t e a u  P ressu r e s  a t  V a r io u s  T e m p e r a t u r e s

Temp., “C. P , / cm. 1 /T X 10*
80 8.0 2.83 8

100 14.0 2.68 8
120 30.0 2.54 8
200 279 2.09 This work
258 709 1.88 This work
204 1215 1.76 This work
301 1334 1.74 This work

mole for AH. Nace and Aston recently reported 
— 9.6 kcal./mole from calorimetric absorption 
measurements at 30°.12 Extrapolation of the 
data to the critical solution temperature (308°) 
gives a value of 19.7 atm. for the critical solution 
pressure in agreement with the value reported by 
Gillespie and Galstaun (ref. 11). Above the critical 
temperature a homogeneous transition occurs be
tween the a- and the /3-phase. Whether or not this 
transformation requires a complex rearrangement 
cannot be asserted, since the positions of the 
hydrogens in the a-phase have as yet not been 
established. Worsham,13 et al., have shown by 
neutron diffraction studies that the hydrogen atoms 
occupy octahedral sites in the face-centered cubic 
palladium lattice to give a NaCl type structure. 
They were unable to determine the hydrogen 
positions in the a-phase because of the very small 
hydrogen concentration in this phase at room 
temperature. Extension of the neutron diffraction 
experiments to higher temperatures and pressures 
(higher hydrogen concentrations in the a-phase) 
should furnish results indicative of the hydrogen 
positions in this phase.

(12) D. M. Nace and J. G. A s t o n , A m .  Cliem. Poc., 79, 3619 (1952).
(13) J. E. Worsham, M. K. Wilkinson and C. G. Schull, J. Phys. 

Cliem. Solid, 3, 303 (1957).

The further absorption of hydrogen in the /3- 
phase may be visualized as occupation by hydrogen 
of vacant lattice sites in the hydride lattice. If 
the sites are smaller than the hydrogen atoms or 
ions, the entry of the latter would result in a disten
sion of the lattice such as is observed in Fig. 1. 
An alternate interpretation, which agrees with, 
other properties of the system, e.g., dissociation1, 
pressure, is that the vacancies attract one another 
more than do the hydrogens. The lattice energy 
of the defect structure is slightly higher and the 
lattice parameter slightly lower than that of the 
perfect structure. As hydrogens occupy vacant 
sites, therefore, the lattice expands.

In contrast to palladium hydride, no contraction 
of the uranium hydride lattice is observed at a fixed 
temperature when the hydrogen pressure is de
creased.9 The difference in behavior between. 
UH3 and I’d 11 „ may be due to the large difference 
in the number of hydrogen vacancies that the two 
hydride lattices can tolerate. In uranium hy
dride the attractive energy between vacancies 
(E,,v) is 6.6 kcal./mole and the corresponding value 
for palladium hydride is about 2.1 kcal./mole.14 
Libowitz points out that the greater the value of 
Evv, the smaller the concentration of vacancies 
required to break down the lattice.15 The in
crease in concentration of vacancies when hydro
gen is removed from uranium hydride presumably is 
too small to produce an observable decrease in the 
lattice parameter before the hydride phase breaks 
down. In palladium hydride, however, the in
creased concentration of vacancies is much larger 
and the lattice parameter is observed to decrease
(Fig. 1).

(14) G. G. Libowitz, NAA-SR-3452.
(15) G. G. Libowitz, J. Chem. Phys.. 27, No. 2, 514 (1957).

ADSORPTION OF CONGO RED BY 
HYDROUS THORIUM OXIDE

B y  R a m e s h w a r  P r a sa d  an d  A r u n  K . D ey

Chemical Laboratories, University of Allahabad, Allahabad (India) 
Received December 16, 1960

In earlier communications1-4 we have described 
the precipitation of samples of hydrous thorium 
oxide of different amphoterism and have studied 
the adsorption of inorganic ions by the different 
samples. The hydrous oxide precipitated with a 
deficient amount of alkali behaves as basic in char
acter and thus adsorbs anions in preference to 
cations. On the other hand, the sample precipi
tated with an excess of alkali behaves as acidic in 
nature and has a preferential adsorptive capacity 
for cations. It is well known that insoluble metal
lic hydroxides have an affinity to adsorb dye 
molecules and are, therefore, used as mordants.

Extensive studies6-8 on the adsorption of dye-
(1) R. Prasad and A. K. Dey, Proc. Nall. Acad. Sci. India, 27A, 

350 (1959).
(2) R. Prasad and A. K. Dey, VijUana Pari. Ann. Patrika, 3, 155 

(1960).
(3) R. Prasad and A. K. Dey, J. Ind. Chem. Soc., 37, 747 (1960).
(4) R. Prasad and A. K. Dey, J. Sci. Ind. Res., India (communi

cated).
(5) A. K. Dey and S. Ghosh, Proc. N all. Acad. Sci. India, 15A, 143 

(1946).
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stuffs by precipitated hydrous oxides have been 
carried out in these laboratories. Tewari, Dey 
and Ghosh9 from a consideration of adsorption of 
dyestuffs by hydrous oxides attempted to elucidate 
the mechanism of aging of metal hydroxides.

This paper records our observations on the as
sociation of the acid dye, Congo red, with samples 
of hydrous thorium oxide obtained by different 
methods.

Experimental
Materials.— Aqueous solutions of thorium chloride 

(BDH LR), sodium hydroxide (BDH  AnalaR) and Congo red 
were prepared and standardized.

Apparatus.— The absorbance of the dye was studied with a 
Unicam SP 500 spectrophotometer operated on 220 volts/50 
cycles single phase, a.c. mains with the help of a Doran 
stabilized mains unit. The measuring cells were glass of 10 
mm. thickness, supplied with the instrument. The experi
ments were conducted in an air-conditioned room maintain
ing 20°.

Colorimetric measurements were done by using Klett- 
Summerson’s photoelectric colorimeter operated on the same 
mains using color filter no. 50 (transmission 470 to 530 m/,) 
chosen after ascertaining the region of maximum absorption 
of the dye.

pH measurements were done with an L. and N. pH indi
cator operated on the same mains with a glass-calomel elec
trode system.

Color of the Dye at Different pH.— It was found that the 
absorbance of the dye at 500 mu remains constant at pH 5.8 
to 8.9 and all determinations were done at pH 6.8.

Validity of Beer’s Law.— Beer’s law was valid in the range 
4 to 12 p.p.m. of the dye and hence colorimetric estimations 
were done in this range of concentration.

Preparation of Samples of the Hydrous Oxide.— Samples 
A, B, C and D of the hydrous oxide were obtained by adding 
calculated amounts of a standard solution of sodium hydrox
ide to 500 ml. of 0.25 M  thorium chloride solution at 25°

A precipitated with 10% deficient sodium hydroxide
B precipitated with equivalent sodium hydroxide
C precipitated with 5%  excess sodium hydroxide
D precipitated with 10% excess sodium hydroxide
The samples were thoroughly washed with water till the 

washings were free from thorium (where present), hydroxyl 
and chlorine ions. The precipitates were suspended in 
water, vigorously shaken in a Microid Flask Shaker and the 
final volumes were raised by dilution with water to 10 g. of 
ThOo per liter.

Adsorption Experiments.— To 1 ml. of the suspension 
(0.01 g.), varying amounts of the dye were added and the 
volumes were raised to 100 ml. The systems were allowed 
to equilibrate for 24 hours. In the supernatant liquid, the 
concentration of Congo red was estimated by the colorimeter.

Discussion
The results show that the adsorptive capacities 

of the samples decrease with rise in temperature. 
Among the four samples A, B, C and D, the basic 
character of the hydrous oxide diminishes in the 
order above mentioned, on account of the increas
ing amounts of alkali used for their precipitation. 
Hence, it is expected that an acid should be ad
sorbed most by sample A  and least by sample D. 
The order of adsorption as noted in this paper is 
A >  B >  D >  C, showing thereby that C has the 
least adsorptive capacity.

It is well known that amphoteric bodies depend 
on environmental conditions to display their acidic 
or basic characters. It may be concluded that in

(6) S. N. Tewari, Kolloid-Z., 128, 19 (1952).
(7) R. B. Hajela and S. Ghosh, Proc. Natl. Acad. Sci. India, 28A, 

59, 118, 130 (1959).
(8) S. N. Tewari and S. Ghosh, ibid., 21A, 29, 41 (1952).
(9) S. N. Tewari, A. K. Dey and S. Ghosh, Z. anorg. Chem., 271, 150

(1953).

this case the acidic and the basic characters of the 
hydrous oxide more nearly neutralize each other 
in sample C than in others and its adsorptive power 
is least both for acidic and basic dyes. It will be 
of interest to note that Dey and Ghosh5 studied the 
amphoteric behavior of hydrous stannic oxide and 
found that at the isoelectric point, the hydrous 
oxide showed the minimum adsorption for both 
acidic and basic dyes. In this case sample C 
appears to approach an isoelectric sample more 
nearly than others, and has the least capacity to 
adsorb congo red which is further confirmed by 
adsorption of basic dyes also.10 The other samples, 
A, B and D show the adsorption in the same order 
depending on their diminishing basic character and 
the observations are explainable on the amphoter- 
ism of the hydrous oxide.

It is also to be mentioned that congo red is ad
sorbed considerably by all the samples of hydrous 
thorium oxide as has been seen from the high values 
of x / m  in the experiments. The solutions at 
equilibrium become very faint in color and the 
adsorbents assume an orange color due to the as
sociation of the dye.
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The determination of electric dipole moments of 
coordination compounds of zinc chloride with 
organic bases has been hindered by the low solu
bility of most of these complexes in non-polar sol
vents. Dioxane was observed to have adequate 
solvent properties for the complexes of zinc chloride 
with pyridines and the picolines for dielectric con
stant measurements, and benzene is a suitable sol
vent for dichlorobis-(triethylphosphine)-zinc. The 
moments of these addition compounds along with 
that of boron trichloride-pyridine have been de
termined for comparison with values previously ob
tained for other metal complexes. Dielectric 
constant measurements also were made on dioxane 
solutions of the complexes of zinc chloride with 
aniline and the toluidines but these are not re
ported, as spectroscopic measurements reveal that 
these complexes are partially dissociated in this 
solvent.

Experimental
The pyridine and picoline complexes were prepared by the 

addition of freshly distilled ligand to aqueous solutions of 
zinc chloride in mole ratios of 2:1 . The addition compounds 
were recrystallized from ethanol and dried over sulfuric acid.

(1) Sister Mary Judith Schmelz, R.S.M., and Sister M. Ann Ger
trude Hill, O.S.U. Supported under AEC Contract AT(ll-l)-38, 
Radiation Laboratory of the University of Notre Dame.
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Compound
ZnCl2(C6H5N)2 
Z n C l2(o -C H 3C 6H 4N )3 
ZnCl2(/3-CH3C5H4N)2 
Z n C l2( 18-CH3C5H4N) 2 
Z n C l2( 7 -C H 3C 6H 4N ) 2 
Z n C l2(E t3P )2 
BC13(C6H5N)

“ Extrapolated values (wfi =  0).
Boron trichloride-pyridine was prepared by mixing carbon 
tetrachloride solutions of pyridine and boron trichloride. 
The product was dissolved in benzene and reprecipitated by 
the addition of petroleum ether. Triethylphosphine was 
prepared by the reaction of ethylmagnesium bromide with 
phosphorus trichloride; after hydrolysis the product was 
distilled in an atmosphere of nitrogen and added to an aque
ous solution of zinc chloride to yield dichlorobis-( triethyl
phosphine )-zinc. The precipitate was washed with ether 
and dried over sulfuric acid. C .p . benzene was refluxed over 
phosphoric anlydride and distilled. Dioxane was purified 
by the method described by Fieser.2 The product was dis
tilled from sodium.

Dielectric constant and density measurements and calcula
tions of electric moments were carried out as in previous 
work.3 With the exceptions noted, the dielectric constant/ 
weight fraction ratios listed in Table I are average values. 
The refractions were taken as the sum of the values for the 
base and the metal chloride. A value of 19 ml. was esti
mated for zinc chloride from the refractions listed for mag
nesium, cadmium and mercury chlorides in Landolt-Born- 
steinri The distortion polarizations were taken as 1.10 
M R d .

Discussion
The agreement between the values obtained for 

the moment of dichlorobis-(j3-picoline)-zinc in 
benzene, 9.53, and in dioxane, 9.54, indicates that 
dioxane exerts no specific solvent effect on the 
moments of these addition compounds. The mo
ments of the zinc chloride complexes are in the ex
pected order: 7 -picoline >  (3-picoline >  pyridine >  
a-picoline. The difference between the moments 
obtained for the a-picoline and pyridine complexes, 
0.55 Debye, is equal to the calculated difference for 
these tetrahedral molecules. It is not possible to 
make quantitative calculations of the moments of 
the a -  and d-picoline complexes as these values de
pend on the favored (unknown) relative orientations 
of the pyridine rings, which are affected by the 
steric requirements of the methyl groups.

The moment observed for dichlorobis-(triethyl- 
phosphine)-zinc, 7.57, compares to the value 
10.7 reported by Jensen6 for dichlorobis-(triethyl- 
phosphine)-platinum(II). Taking into account 
the configurations of these complexes, tetrahedral 
for zinc and c is  square planar for platinum, the 
sum of the R3P-Zn and Zn-Cl moments is 6.58, 
compared to 7.57 for the sum of the R3P-Pt 
and Pt-Cl vectors. This difference, 1.0 Debye, 
is not surprising in the light of the greater sta
bility of the platinum complexes compared to 
those of zinc. It is expected that the P-Pt cr-bond

(2) L. Fieser, “Experiments in Organic Chemistry,’ * D. C. Heath 
and Co., Boston, Mass., 1941, p. 369.

(3) C. Curran, P. A. McCusker and H. S. Makowski, ./. A m . C h em . 
Soc., 79, 6188 (1957).

(4) Landolt-BQrnstein, “ Physikalisch-Chhmische Tabdten:'’ -Ed
wards Bros., Ann Arbor, Mich., 1943, vol. 2.

(5) K. A. Jensen, Z . a n o rg . a llg em . Cheirtn  229; 225 (1936):

Debyes
9.20 ±  0.04
8.86 ±  .04 
9.54 ±  .04
9.53 ±  .04 
9.75 ±  .1
7 .5 7  ±  . 1  
7.50 ±  .04

will have a greater covalent character and therefore 
a greater polarity than the P-Zn bond. The 
difference suggests that there is no appreciably 
greater double bond character (which decreases 
bond polarity) in the phosphorus-to-platinum than 
in the phosphorus-to-zinc bond.

The moments obtained reveal an anomaly in the 
relative polarities of zinc complexes and boron 
complexes. The moments of boron trichloride- 
trimethylamine and boron trichloride-trimethyl- 
phosphine are 6.23 and 7.03, respectively.6 These 
values indicate that the P-B bond is more polar 
than the N B bond. It is not possible to determine 
the moment of a dichlorobis-(trialkylamine)-zinc 
complex because of solubility limitations. The 
moment of boron trichloride-pyridine is 1.27 
Debyes larger than that of boron trichloride- 
trimethylamine. If this difference (multiplied by
1.15 for the tetrahedral bis complex) holds also 
for the addition compounds of zinc chloride, the 
moment of dichlorobis-(triethylamine)-zinc is ex
pected to be 7.8, compared to the observed moment, 
of dichlorobis-(triethylphosphine)-zinc, 7.57. This 
indicates that the P Zri bond is slightly less polar 
than the N-Zn bond. Partial P=Zn double 
bond character could account for this, but zinc 
is not expected to use electrons from its completed 
third shell in forming 7r-bonds.

(6) G. M. Phillips, J. S. Hunter and L. E. Sutton, ./. Chem. Soc., 146 
(1945).

THE EFFECT OF UREA ON THE 
CONFIGURATION OF 

POLYVINYLPYRROLIDONE
By I r v in g  M. K lotz an d  J o e l  W. R u ssell

D epartm ent o f  Chemistry, Northwestern University, Evanston , Illinois  
Received January 6, 1061

The synthetic polymer polyvinylpyrrolidone 
(PYP) mimics protein behavior in a number of 

T —CH -CH2—1
I

N
/  \

C H , C = 0

_¿H r-C E U  
(PVP)

respects. For example it forms complexes with 
many types of small molecule,1-3 although with

(1) H. Bennhold and R. Schubert, Z. ges. E ip tl. M ed., 113, 722
(1943).

(2) C. Wunderly, Arztl. Forsch., 4, I, 29 (1950).
(3) W. Scholtan, M akrom ol. Chem., 11, 131 (1953).

T a b l e  I
P o la r iza t io n s  an d  E lec tric  M om en ts  at  25°

" b a l e d .
% Cl--------- .

Found S o l v e n t 100 wfi AD/wfi Ad/wfi Piai P d

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

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

2 1 . 9 9 2 1 . 9 0 D . 1 8 -  . 8 6 3 5 . 5 . 2 6 1 9 4 8 8 5

B . 5 0 -  . 7 9 3 1 . 0 . 3 5 1 9 4 3 8 5

2 1 . 9 9 2 1 . 7 0 D . 3 5 -  . 8 6 3 7 . 0 2 2 2 0 3 0 8 5

1 9 . 0 3 1 9 . 1 7 B . 3 3 - 1 . 0 6 1 7 . 1 “ . 3 2 1 2 8 5 n o
5 4 . 1 8 5 3 . 5 8 B . 3 0 - 0 . 9 3 3 1 . 5 “ . 3 5 1 2 0 0 5 1
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only about one-third the affinity shown by serum 
albumin.4 Likewise it shifts the pAa of a cova
lently-linked acid-base substituent in the same 
direction as is observed with corresponding pro
tein conjugates.5 Furthermore, with the PVP 
conjugate, as with those of proteins, the addition 
of urea to the aqueous solution decreases markedly 
the shift in acidity constant.5

Urea is a well-known protein denaturant and 
produces marked changes in macromolecular 
configuration of proteins. The intrinsic viscosity 
of ovalbumin (molecular weight 44,000) for 
example, changes from 0.043 (g./lOO cc.)-1 for 
the native protein6 to 0.24 for the protein in 7.5 
M  urea.7 It seemed of interest, therefore, to ex
amine the effect of urea on the viscosity and hence 
configuration, of polyvinylpyrrolidone.

Experimental
Viscosities were measured in a standard Ostwald viscom

eter whose water outflow time was 110 see. Before each 
measurement the viscometer was cleaned with warm chromic 
acid solution, rinsed throughly with distilled water and 
dried with a stream of dry air. It was mounted carefully 
with the same clamp in the same position in a water-bath 
at 25° and its vertical alignment was checked with a plumb 
line. Outflow times for a given solution checked within 
±0.03 sec. or better.

Stock solutions were prepared containing 4%  poly
vinylpyrrolidone in water and in 8 M  urea, respectively. 
These were diluted with corresponding solvent to prepare 
more dilute solutions of the polymer. All solutions were 
filtered before use. Five-ml. samples were added carefully 
at the bottom of the bulb of the viscometer to prevent the 
formation of bubbles. Densities of the solutions were 
measured with a Westphal balance.

Measured viscosities, y, were converted to reduced 
viscosities Tired, according to the equation

(y/yo) — 1Vred
C

where is the viscosity of the solvent free of polymer and c 
is the concentration of polymer in g. per 100 ml. of solution. 
Reduced viscosities for polyvinylpyrrolidone in water and 
in urea are plotted in Fig. 1.

Discussion
It is of interest to note first that the intrinsic 

viscosity [y], where
[))] =  lim (%ed) 

c—>-0

for polyvinylpyrrolidone in water is 0.225 (g./ 
100 ml.)-1 which is of the same order of magnitude 
as that of denatured ovalbumin.7 The average 
molecular weight of the sample of polyvinylpyr
rolidone used is 40,000,® compared to 44,000 for 
ovalbumin. Hence even in water, polyvinyl
pyrrolidone is in a relatively loose configuration.

It is not surprising therefore that urea has very 
little effect on the intrinsic viscosity of polyvinyl
pyrrolidone, the value dropping slightly, to 0.215. 
Such a drop is small and probably within experi
mental error, but it is of interest to note that the 
change with urea is in the direction to be expected

(4) I. M. Klotz and J. Ayers, unpublished experiments.
(5) I. M. Klotz and V. H. Stryker, J. Am. Chem. Soc., 82, 5169 

(1960).
(6) A. Poison, Kolloid Z ., 88, 51 (1939).
(7) H. K. Frensdorff, M. T. Watson and W. Kauzmann, J. Am. 

Chem. Soc., 75, 5157 (1953).
(8) “PVP, Polyvinylpyrrolidone,*' Bulletin P-100, General Aniline 

and Film Corp., New York, N* Y., 1951.

(PVP).
Fig. 1.— Reduced viscosity of polyvinylpyrrolidone as a 

function of concentration in g. per 100 ml.: O, in water; •. 
in 8 M  urea in water.

for a decrease in the degree of hydration of the 
macromolecule.

In regard to comparisons of the behavior of 
proteins with that of polyvinylpyrrolidone, these 
viscosity experiments lead to two interesting con
clusions. First it is evident that interactions such 
as binding of ions or masking of the reactions of 
conjugated groups can occur with a macromolecule 
having a relatively random configuration such as is 
found for PVP. Secondly urea may perturb these 
interactions of PVP even though it does not pro
duce a major change in macromolecular configura
tion. These observations are directly relevant to 
the molecular interpretation of corresponding in
teractions of protein macromolecules.5

THE DISSOCIATION PRESSURE OF 
GALLIUM ARSENIDE

By V . J. L yons and  V . J. Silvestri

IBM  Research Laboratory, Poughkeepsie, Neio York 
Received January 7, 1961

Gallium arsenide thermally dissociates to the 
constituent elements and two previous investiga
tions of the reaction equilibria have been reported. 
The solid-liquid-vapor equilibria were studied by 
van den Boomgaard and Schol1 over the range 781 
to 1237°. Gold finger and Drowart2 have reported 
a mass spectrometric study of the vapor species 
resulting from thermal dissociation of the compound 
in the range 758 to 863°. The purpose of this work 
was to re-examine the reaction in a temperature 
range below the compound melting point because 
of the inconsistency in the reported data.

Since the vapor pressure of arsenic is several orders of 
magnitude greater than that of gallium the dissociation pres
sure of GaAs is essentially equal to the arsenic pressure in 
equilibrium with the compound. The method used to 
measure the equilibrium arsenic pressure was the visual ob
servation of the arsenic dew-point in a sealed tube containing 
solid GaAs. The applicability of the method to decompos
ing solids has been demonstrated, and the more general de
tails of the experimental procedures have been described

(1) J. van den Boomgaard and K. Schol, Phillips Res. Rep., 12, 127
(1957) .

(2) P. Goldfinger and J; von Drowart, J. Chem. Phys., 55, 721
(1958) .
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Fig. 1.— Comparison of three determinations of the dis
sociation pressure of GaAs: (1) circles are data of Boom- 
gaard and Schol: (2) triangles are data of Goldfinger and 
Drowart; (3) vertical lines represent this work.

elsewhere.3’4'5 For this experiment, ten grams of high purity 
monocrystalline GaAs was broken into small pieces and 
sealed in an evacuated quartz tube 34 cm. long and 20 mm. 
in diameter. The end of the tube containing the compound 
was inserted into a 6 cm. well in a cylindrical stainless steel 
block 8.5 cm. long. A thermocouple well drilled through 
the opposite end of the block permitted a thermocouple to 
be positioned adjacent to the reaction tube. This assembly 
was placed in the center of a 32 cm. long Hoskins furnace. 
The opposite end of the tube was enclosed by a separately 
controlled furnace fabricated by winding nichrome ribbon 
on a quartz tube. This furnace extended into the Hoskins 
furnace to ensure against cold spots occurring at the junction 
of the two heating elements. The entire construction pro
vided (1) isothermal regions over the GaAs sample and the 
thermocouple well at the opposite end of the tube, (2) inde
pendent temperature control of the two regions, (3) a mono- 
tonically increasing temperature gradient in the region be
tween the thermocouple well (dew-point temperature) and 
the GaAs sample, and (4) visibility of the thermocouple 
well. The temperature of the Hoskins furnace was main
tained to within ± 3 °  by a proportioning Wheelco controller 
while a Variac operating from a constant voltage transformer 
controlled the dew point furnace. Temperatures were 
measured with Pt-Pt,10%  Rh calibrated thermocouples and 
the potentials were read on a Leeds & Northrup Potenti
ometer, Model 8662.

Each experimental point was measured in the following 
manner. The decomposition furnace was heated to a tem
perature in the range 1051 to 1196°, while the dew-point 
furnace was heated to approximately 650°. Equilibration 
times of 15-71 hours were allowed. In practice, the area 
around the thermocouple well was heated to temperatures 
slightly higher than 650°, through the use of a radiation 
shield, because of the gradual condensation of a GaAs film 
at the color end of the tube. Identification of this film was 
made by X-ray diffraction powder analysis. By using the 
shield, the GaAs film was caused to condense on the tube 
wall between the decomposition furnace and the thermo-

(3) K. Weiser, J. Phys. Chem., 61, 513 (1957).
(4) V. J. Lyons, J. Phya. Chem., 63, 1142 (1959).
(5) V. J. Lyons and V. J. Silvestri, ibid., 64, 266 (1960).

couple well; thus the film did not interfere with the dew
point observations. After equilibration, the radiation shield 
was removed and the temperature of the cooler furnace was 
lowered. Dew-points then were observed in the manner 
described in earlier papers. The dissociation pressure of 
the compound thus was measured over the range 1051 to 
1196°. The data, which are presented in Table I and 
plotted in Fig. 1, can be fitted to the equation

log P ™  =  -  +  25.8 (1)

Calculations based on the experimental conditions showed 
that 0.05 to 1.0% of the sample had dissociated during the 
measurements. Evidence of a liquid phase on parts of the 
sample was observed after removing the GaAs from the reac
tion tube. These data show that the pressures were meas
ured along the three-phase line and therefore describe, in 
part, the boundary of compound stability.

GaAs
T able  I 

T o t a l  p r e s s u r e ,3
T, ”C. mm. Pas«5 Pasj5

1 0 5 1 0 . 5 - 0 . 6 0 . 0 3 0 . 5 2

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

1 1 0 0 3 . 5 - 4 . 2 0 . 4 4 3 . 4 1

1 1 2 4 1 0 - 1 3 2 . 3 6 9 . 1

1 1 4 2 2 2 - 2 8 7 . 6 1 7 . 5

1 1 5 8 4 3 - 4 7 1 5 . 1 2 9 . 9

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

1 1 9 6 1 8 5 - 1 9 5 9 2 . 4 9 7 . 6

“ From 
pressure.

dew-points. 6 Calculated from average total

The measured arsenic pressures were considered 
equivalent to the total arsenic pressure over solid 
GaAs for the following reason. The reaction tube 
was heated by a two-zone furnace so that approxi
mately one-third of the tube was heated to the de
composition temperature and one-third was heated 
to the dew-point temperature. Hence, a significant 
length of the tube (approximately 10 cm.) was 
maintained at the dew-point temperature. The 
tabulated data of Stull and Sinke6 show that the 
species A s4 would predominate in the dew-point 
range of temperatures while two species, As4 and 
A s2, would be measurably present in the decom
position temperature range. From considerations 
of the temperature distribution in the reaction tube 
and the mean free path of the arsenic molecules it 
was concluded that, at equilibrium, the As2 mole
cules would completely recombine to give only 
As4 molecules at the dew-point temperatures. 
Thus, the measured pressures and the values of the 
equilibrium constant for the reaction As4 2As2 
were used to calculate the pressure of each species 
in equilibrium with solid GaAs. The over-all 
reaction equilibrium at each experimental point 
may be represented by the chemical equation

GaAs(s) ? Ga(l) +  ^  ^ -As*(g) +

2 a +  2 As*̂ g  ̂ <-2 ')
where a  is the As4 fraction of the vapor. The pres
sures of As4 and As2 calculated from each experi
mental point are given in Table I.

A comparison of this work and that of van den 
Boomgaard and Schol shows good agreement at 
the higher temperatures. It is thought that the

(6) D. R. Stull and G. C. Sinke, “Thermodynamic Properties of the 
Elements/* Advances in Chemistry Series, No. 8, 1956.
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experimental difficulties encountered in attempting 
to extend the triple-point method to lower pressures 
and more dilute solutions (i .e ., the slow establish
ment of the equilibrium) led to their observation 
of higher pressure values at the lower tempera
tures. Extrapolations of the Goldfinger-Drowart 
data and this work show reasonably good agree
ment when considering the range of pressures 
measured.

The authors express their thanks to Dr. K. 
Weiser and Dr. G. A. Silvey for valuable discussions.

THE SORET EFFECT AS A SOURCE OF 
ERROR IN CONDUCTANCE 

MEASUREMENTS
B y R . II. Stokes

Department of Physical and Inorganic Chemistry, University of New 
England, Armidale, N.S.W., Australia

Received January 10, 1961

Agar,1 in a paper on the rate of attainment of 
Soret equilibrium, recently predicted that “there 
will be small transient changes of composition in 
a conductivity cell when it is transferred from the 
ambient temperature into a thermostat.” The 
reality and considerable importance of this effect 
are demonstrated by the findings now reported.

Two conductance-cells were used. Cell A consisted of 
two electrode-bulbs about 2.5 cm. in diameter, joined by 6 
cm. of tubing of 6 mm. internal diameter; its cell constant 
was 20.71 cm .-1. Cell B, of constant 4.595 cm .-1 was of 
similar construction except that the central section was 
only about 1 cm. long. Filling tubes were attached to 
both electrode-bulbs, and the leads to the electrodes were 
carried through glass side-arms well separated from the 
filling-tubes and each other. After the detection of the 
effect reported below, the filling-tubes were fitted with mix
ing-bulbs to facilitate the mixing of the cell contents with
out removal of the cell from the thermostat. The electrodes 
were lightly coated with platinum-black; frequency-de
pendence in the range 1-4 kc./sec. was less than 0.002% 
with cell A and 0.008% with cell B. This small residual 
dependence was extrapolated out by an R vs. /  plot. The 
lead resistances were measured by filling the cells with 
mercury, and calibrations were made with the Jones and 
Bradshaw 0.1 demal potassium chloride standards at 25°. 
The cells were filled with 0.01 M  hydrochloric acid and 
heated in a thermostat to 50°; at this temperature their 
contents were thoroughly mixed. They were then trans
ferred quickly to a thermostat held at 25 ±  0.001°. Here 
the resistances were measured over a period of several hours 
by a calibrated Jones bridge. It was established by a prev
ious study that the contents of the cell must be within 0.001 ° 
of the thermostat temperature after 20 minutes; hence any 
changes occurring after this time cannot be ascribed to tem
perature changes. Results such as those shown in Table 
I were consistently observed.

T able  I
A fparent Specific C onductances in  O iim -1 C m . - ' at 
25° at  V arious T imes F ollow ing  Previous H eating  of 

C ells to 50°
Time, hr. C e l l  A %  l o w C e l l  B %  l o w

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

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

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

After mixing at 2 5  ° . 0 0 4 4 1 0 3 . 0 0 0 . 0 0 4 4 1 0 1 . 0 0 0

The results from the two cells at all times dif
fered far more than could be ascribed to measuring 
or calibration errors. B u t  w h en  the ce ll contents

(1) J. N. Agar, Trans. Faraday Soc., 56, 776 (1960).

Time, hours.
Fig. 1.— Change of resistance with time in cell A contain

ing approximately 0.01 N  hydrochloric acid. Cell thermo- 
stated at 50°, then transferred to 25° thermostat at zero 
time. Temperature equilibrium is known to be attained 
before the time of the first point plotted.

w ere  thoroughly  m ix e d  at 2 5 ° ,  a g reem en t w a s  im 
m e d ia te ly  esta b lish ed , a n d  no  fu r th e r  d r ift  i n  re a d in g s  
then occurred  f o r  seve ra l d a y s . Furthermore, the 
results after the mixing were in agreement with 
Sliedlovsky’s values2 within 0.01%.

Exactly the opposite effect was observed on 
moving the cells from a 25 to 50° thermostat: 
the results again differed considerably, but this 
time both cells showed h ig h er conductances than 
the final true values attained after mixing of the 
cell contents. In another experiment, cell A was 
heated to 50° in a water-bath, and its contents were 
mixed at this temperature. The bath and cell 
were then allowed to cool s lo w ly  to 25°, over a 
period of about 1.5 hours. The cell was then 
transferred to the 25° oil-thermostat for measure
ment. On reaching temperature equilibrium, the 
resistance was 4696.4 ohm, and on mixing the cell 
contents this value changed only to 4696.1 ohm, 
i .e ., 0.007%. The effect, then, evidently arises 
from s u d d en  changes in cell temperature, and is 
therefore not to be ascribed to differences in adsorp
tion of hydrochloric acid at the electrodes at dif
ferent temperatures. An explanation in terms of 
adsorption also seems to be ruled out by the fact 
that the effect is of much the same relative magni
tude for a wide range of hydrochloric acid concen
trations.

It seems clear that the effect arises from thermal 
diffusion of hydrochloric acid into or out of ffie 
central portion cf the cell during the period of 
rapid temperature change— i .e ., the first few 
minutes at the new temperature, while there are 
large temperature gradients between adjacent 
parts of the cell. The persistent nature of the 
resulting concentration-disturbance is at first sight 
surprising, though once again it is in accordance 
with Agar’s predictions.1 In Fig. 1 is plotted 
another series of measurements on cell A, which 
were followed this time for 24 hours before the cell 
contents were mixed; after this time, isothermal 
diffusion had only reduced the original disturbance 
to half its initial value, and it seems likely that at 
least a week would be needed to get a result correct 
within 0.01% , unless provision is made for thorough 
mixing of the cell contents as soon as temperature- 
equilibrium is reached. The initial disturbance is
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apparently at the ends of the central tube, and dif
fuses away both outwards into the bulbs and in
wards to the center of the cell; thus in cell A with 
its long central tube the effect lasts much longer 
than in cell B, where density-gradients would help 
to produce uniformity.

That the effect is so large with hydrochloric acid 
is due to its large Soret coefficient; with potassium 
chloride, the effect is still found but is smaller. 
Thus with 0.1 D  KC1 in cell A, the initial error 
found on rapidly transferring the cell from 25 
to 50° was 0.09%. It is also still significant with 
hydrochloric acid even with the small temperature- 
rise from a rcorn temperature of 22 to a 25° thermo
stat; here the initial error with 0.01 N  HC1 was 
0.016% for cell A. Dr. J. N. Agar has pointed out 
to me that the sign of the observed effect is un
expected. One would expect the central tube to 
cool down more rapidly than the bulbs, so that in 
the early stages of the temperature-change hydro
chloric acid should diffuse into the ends of the tube, 
with a consequent increase in the apparent con
ductance. The effect is perhaps due to differences 
in wall thickness, for in the region where the 
central tube joins the bulb the glass is certainly 
thinner.

It seems likely that many published conductance 
measurements at temperatures far removed from 
room temperature may have suffered from this 
error, for the usual criterion of temperature equi
librium is constancy of the resistance within about 
0.01% over a period of an hour or two: Table I 
and Tig. 1 make it clear that constancy within this 
limit may be observed while the Soret disturbance 
is still present to an extent which causes several 
tenths of 1%  error. The error would not be sig
nificant (a) where “flask cells” with attached con
ductivity cells are used, and the solution is passed 
into and out of the cell section several times be
tween measurements; (b) where the cell temperature 
is changed only slowly, as will be the case if the 
cell is put into a thermostat at room temperature 
and this is then heated up to the measuring tem
perature, or (c) where the solution is first thermo- 
stated and then driven over into the empty cell. 
The ordinary form of cell used here is, however, 
extremely convenient to use; it is also convenient 
in work involving several temperatures to have a 
separate thermostat for each temperature and move 
the cell to each in succession. This can be done 
without Soret error provided the cell is fitted with 
mixing bulbs so that its contents can be mixed 
while it is completely immersed in the thermostat. 
I have recently used such cells to measure the con
ductance of hydrochloric acid with, I believe, an 
accuracy of 0.005%; the results will shortly be 
published. The possibility of using a conductance
cell deliberately designed to enhance the effect, 
for the measurement of Soret coefficients, is also 
being examined.

( 2 )  T .  S h e d l o v s k y ,  J. Am. Chem. Soc.. 5 4 ,  1 4 1 1  ( 1 9 3 2 ) .

THE LEAD SALT THIOUREA REACTION
By M a r r i n e r  K. N orr

V. S. Naval Ordnance Laboratory, White Oak, Silver Spring, Maryland 
Received January 19, 1961

When solutions of sodium hydroxide, a lead salt 
and thiourea are mixed, lead sulfide gradually forms, 
first as a colloid and later as a precipitate. Studies 
of the reaction have been made by Briickmann,1 
Pick2 and Whitcher,3 using lead acetate. In 
addition, it has been discussed by Sahasrabudhey 
and Krall4 and Kicinski.5 The mechanism and 
even the stoichiometry of the reaction have been 
debated. It is the purpose here to offer evidence 
shedding some light on the former and establishing 
the latter, using lead nitrate.

Experimental
Reagents.— Powdered lead sulfide was prepared by the 

lead nitrate-thiourea reaction. The sodium bromate was 
recrystallized reagent grade material, dried at 175°. Con
centrated solutions of thiourea contained a small amount of 
insoluble impurity that was removed by filtration through a 
fine porosity, sintered-glass biichner funnel. All chemicals 
were reagent grade.

Procedures for Making Runs. Series 1,2,3.— Solutions 
containing sodium hydroxide (0.4-1.0 M ), lead nitrate 
(0.01-0.06 M ) and thiourea (0.1-0.4 M ) were prepared by 
mixing the appropriate stock solutions in that order. In 
Series 1, the initial lead concentration was varied, keeping 
the thiourea and hydroxide ion concentrations constant; in 
Series 2, the initial thiourea concentration was varied; and in 
Series 3, the initial lydroxide ion concentration was varied. 
The runs were made at 23.00 ±  0.02°. The reaction was 
followed by periodically withdrawing samples, quenching 
them in excess perchloric acid to stop the reaction (final pH 
ca. 1.5), and analyzing them to determine the amount of 
hydroxide ion and lead consumed during the reaction. The 
lead sulfide present was removed by filtration prior to the 
lead determination.

Series 4.—Two solutions having the initial concentrations, 
0.7 M  NaOH, 0.035 or 0.060 M  Pb(N 03)2 and 0.2 M  (NHj)i- 
CS were prepared. Periodically, samples were withdrawn, 
quenched in excess acetic acid, and filtered to remove the 
lead sulfide present. A portion of the filtrate was analyzed 
for lead. A second portion wTas analyzed for thiourea after 
lead had been removed as the sulfate (lead interfered with 
the thiourea determination).

Series 5.— Three identical solutions having the initial 
concentrations 0.7 M  NaOH, 0.035 M  P b(N 03)2 1.0 g. of 
powdered PbS/250 ml. of the solution, and 0.2 M  (N H 2)2CS 
were prepared. Periodically, samples were withdrawn and 
quenched in excess perchloric acid. The amount of hy
droxide ion used up during the reaction was determined, and 
from this the amount of the lead remaining was calculated.

Series 6.—Four solutions having the initial concentra
tions, 0.6 M  NaOH, 0.054 M  Pb(N 03)2, 0, 0.50, 1.00 or 
2.00 g. of powdered PbS/50 ml. of the solution and 0.3 M  
(NH2)2CS were prepared. Samples were withdrawn from 
the solutions and 5.2 min. after the beginning of the reac
tion they were quenched in perchloric acid. The amount of 
hydroxide ion used up was determined and, from this, the 
amount of lead remaining was calculated.

Series 7.—Two groups of solutions were prepared. In 
the first group (0.7 M  NaOH, 0.035 M  P b(N 03)2, 0.2 M  
(NH2)2CS) half ot the solutions were prepared from sodium 
hydroxide that had been stored for varying lengths of time 
in a Pyrex bottle and half from that stored similarly in a 
polyethylene bottle. In the second group (0.8 M  NaOH, 
0.048 M P b(N 03)2, 0.3 M  (NH 2)2CS) half of the solutions 
were stirred for 12 min. and the other half for only 0.3 min. 
At a fixed time (for each group) after the beginning of the 
reaction, one sample was withdrawn from each run and 
quenched in perchloric acid. The amount of hydroxide ion 
used up was determined and, from this, the amount of lead 
remaining was calculated.

Alkaline Decomposition of Thiourea.— A 0.3 M  thiourea- 
0.7 M  sodium hydroxide solution was prepared and allowed

(1) G. Briickmann, Kolloid-Z., 65, 1 (1933).
(2) H. Pick, Z. Physik, 126, 12 (1949).
(3) S. Whitcher, CML-TN-P9, Chicago Midway Laboratories, 

University of Chicago, Chicago, 111., 1954.
(4) R. Sahasrabudhey and II. Krall, J. Indian Chem. Soc., 21, 

03 (1944).
(5) I'\ Kicinski, Chemistry & Industry {London), 54 (1948).
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to stand for two hours at room temperature. It then was 
neutralized to the brom cresol green end-point with per
chloric acid, and a solution of lead nitrate was added. No 
lead sulfide was formed, thus indicating that the formation of 
sulfide ions by the alkaline decomposition of thiourea was 
negligible under these conditions.

Analyses.— Hydroxide, lead6 and thiourea7 were deter
mined by standard procedures. The hydroxide ion con
centration of the samples was determined by back-titrating 
the excess perchloric acid quenching solution with sodium 
hydroxide to the brom cresol green end-point. Lead was 
titrated (in the presence of tartrate ions and ammonium 
hydroxide) with disodium ethylenediaminetetraacetate to 
the eriochrome black T end-point. The thiourea was treated 
with bromine (generated by sodium bromate, sodium bro
mide and hydrochloric acid), the excess bromine was re
moved with potassium iodide, and the iodine thus formed 
was determined by titration with sodium thiosulfate.

Results and Discussion
From the analytical determinations of Series 

1-3, the ratio of the number of moles of hydroxide 
ion to the number of moles of lead consumed during 
the reaction was calculated. Its value was con
sistently a little below 2.0, but by an amount that 
(for most runs) was within the experimental error. 
The value was independent of the extent to which 
the reaction had proceeded. From the analyses of 
Series 4, the ratio of the number of moles of thiourea 
to the number of moles of lead consumed was cal
culated to be a little below 1.00 for both runs. The 
value was within the limits of the experimental 
error for the run having the lower initial lead con
centration and just outside these limits for the 
other run. The values were independent of the 
extent to which the reaction had proceeded. These 
ratios help to confirm the following equation which 
had been postulated previously by several au
thors2“ 4
Tb + + +  (NH 2)2CS +  2 0 H “  =  PbS 1 +  H,NCN +  2H20

Briickmann,1 Sahasrabudhey and Krall4 and 
Pick,2 suggested that the reaction involved the 
formation and breakdown of a lead-thiourea inter
mediate compound, while Whitcher3 believed that 
it involved the formation of sulfide ions by the 
alkaline decomposition of thiourea. The negligible 
formation of sulfide ions during the two hour alka
line treatment of thiourea (see under Experimental) 
seems unfavorable to Whitchcr’s mechanism.

“Lead concentration vs. time” curves, drawn 
using the analytical data of Series 1-4, showed that 
the reaction rate was initially slow, then increased 
to a relatively constant value, and finally tapered 
off. The addition of lead sulfide powder to the 
runs of Series 5 completely removed flic induction 
period (i.c., the initial period of slow rate). In 
Series 6, it was found that the average rate during 
the first 5.2 min. was roughly proportional to the 
weight of the lead sulfide powder added. From 
these observations it was concluded that the col
loidal lead sulfide formed by the reaction was 
acting as a surface catalyst. As the amount of 
lead sulfide grew, the reaction rate increased until 
the lowered concentrations of the reactants and/or 
the coagulation of the catalyst reversed the trend.

Using the “lead concentration vs. time” curves 
of the runs of Series 1—3, an attempt was made to

(6) J. L. Pinkston and C. T. Kenner, Anal. Chem., 27, 446 (1955).
(7) American Cyanamid Company. Technical Data Sheet T01- 

1055-02, Bound Brook, N. J. (no date).

obtain the reaction orders from the rates at cor
responding stages of the reaction and from the 
half times of the reaction. The orders with re
spect to lead, thiourea and the hydroxide ion were 
found to change as the reaction progressed. In 
addition, solutions prepared from different batches 
of sodium hydroxide reacted at anomalously dif
ferent rates, and the reaction rates of the solutions 
decreased with the age of the sodium hydroxide 
solution from which they were prepared when the 
latter had been stored in Pyrex, but not when it 
had been stored in polyethylene (see Series 7).

In the second group of runs of Series 7, it was 
found that stirring decreased the average reaction 
rate: in the solutions stirred for 0.3 min., the re
action was 51% complete after 14.3 min., while 
in those stirred for 12 min., it was only 32-33% 
complete. The samples taken from the latter were 
markedly more transparent, indicating that con
siderably less colloidal lead sulfide was present. 
These results can be explained by the hypothesis 
that the lead sulfide formed by the reaction is 
acting as a surface catalyst and that stirring assists 
in its coagulation, thus reducing its effective surface 
area and therefore its catalytic effect.

Acknowledgment.—The author wishes to ex
press thanks to Dr. Robert F. Brebrick for his help
ful advice and encouragement.

THE IONIZATION CONSTANT OF 
HYDROXYLAMINE

B y  It. A . R obinson  and V . E . B ow er

National Bureau of Standards, Washington, D. C.
Received February 17, 1961

Although hydroxvlamine has been known for 
nearly a century, its ionization constant is not 
well determined. The conductance work of Ross1 
gives p K  6.1 at 18° using his data at higher concen
trations (~0.2 N ) ; the colorimetric measurements 
of Olander2 at 20° give p K  6.09 while there are three 
determinations at 25°; from conductance data 
Winkelbleoh3 obtained p K  5.8, the glass electrode 
work of Ishikawa and Aoki4 gave p K  6.60 but 
Hagisawa,56 also using the glass electrode, found 
p K  5.98. We now report some spectrophoto- 
metrie measurements which support the results of 
Olander and Hagisawa.

If a solution of hydroxylamine hydrochloride is 
partially neutralized by addition of sodium hy
droxide so that a portion is present as the hydro
chloride, S, and a portion as the free base, B, and if 
the solution contains also a “colored” indicator, 
such as 3,4-dinitrophenol, the equilibria are given
by

pK  =  pH -  log (I) -  H, )/(£>, -  D) -  log 7 

for the indicator and
p K a =  pH -  log[B] / [S] +  log 7  1 2 3 4 5 6

(1) W. H. Ross, Proc. Trans. Nova Scctian Inst. Sci., 11, 95 (1905).
(2) A. Olander, Z. physik. Chem., 129, 1 (1927).
(3) K. Winkelblech, ibid., 36, 546 (1901).
(4) F. Ishikawa and I. Aoki, Bull. Soc., Inst. Phys. Chem. Res. Tokyo, 

19, 136 (1940).
(5) II. Hagisawa, ibid., 20, 251 (1941).
(6) “Stability Constants,” Part II, The Chemical Society, London, 

1958, p. 51.
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T a b l e  1 “

I o n i z a t i o n  C o n s t a n t s  o f  H y d r o x y l a m i n e  a t  20, 25 a n d  30°
[ S ] , [ B ] , [ S I / I n d i c a t o r , ,---------- -------D,------------- — — 0 2 ------------------------------ *

m o l e / l . m o l e / 1 . [ B ] m o l e / 1 . 2 0 °

0OCOoLO(N

2 0 ° 2 5 °  3 0 “

A 0.2834 0.1452 1.952 6 .8  X  10-5 DNP 0.027 0.024 0.924 0.925
B 0.3238 0.0732 4.423 5 .6  X 10-5 DNP 0.025 0.023 0.764 0.768
C 0.3430 0.1095 3.132 5 .6  X  10-5 DNP 0.022 0.022 0.761 0.761
D 0.1061 0.1074 0.988 1.7 X  10-4 NCP 0.090 0.717

“  S =  hydroxylamine hydrochloride, B =  hydroxylamine, DNP = 3,4-dinitrophenol, NCP =  2-nitro-4-chlorophenol.
The four stock solutions contained S and B at the concentrations recorded and sodium chloride at the same concentration as
B ; x ml. of stock were made up to 100 ml. The diluted stock contained indicator at the concentration recorded. To obtain
Di and D2, solutions of the same indicator concentration were made in 0.01 N  HC1 and 0.01 N  NaOH, respectively. The
following values of D were obtained:

S e r i e s ° C . x  — ►  5 1 0 1 5 2 0 2 5 5 0

A 20 0.682 0.688 0.699 0.708 0.721
25 0.656 0.671 0.678 0.688 0.694 0.711

B 20 0.444 0.448 0.456 0.479
25 0.401 0.420 0.430 0.438 0.442 0.461

C 25 0.458 0.471 0.481 0.491 0.498 0.512
30 0.431 0.449 0.456 0.462 0.469 0.485

D 25 0.277 0.283 0.297

Measurements in series A, B and C were made at 400 m,u and in series D at 420 mp. The average pK . values were:
Series

oO(M 25° 30°
A 6.03 5.96
B 6.05 5.97
C 5.95 5.84
D 5.93

where K a is the acid ionization constant of the 
hydroxylammonium ion. D  is the optical den
sity of the solution, D\ that of a solution of the 
same stoichiometric concentration of the phenol 
containing sufficient hydrochloric acid to give pH 
^ 2  and D . that in a solution containing sodium 
hydroxide at pH ~ 12; y is calculated as —log y  

=  A V l / (  1 +  V i )  ~  0.2/ .  Hence
vK a =  pK  -  log [B]/[S] 4- log (D -  A ) / ( A  -  D) +

2 log 7
The first term on the right already has been meas
ured7 at 25°; it has been redetermined and the 
value of p K  5.42 confirmed. The second term is 
known from the composition of the solution and the 
third is found by spectrophotometric measure
ments.

Experimental
Hydroxylamine hydrochloride (Fisher’s Certified Reagent) 

was recrystallized from aqueous ethanol and dried in vacuo 
over “ Drierite.”  The drying was a very slow process, not 
complete even after six weeks when electrometric titration 
gave an assay of 99.8%. Measurements were made with a 
Beckman Model DU instrument, the cell compartment being 
maintained at constant temperature, ±0 .0 5°, by circulat
ing water from a thermostat. Three series of measure
ments with different [B]/[S] ratios were made at 25° using
3,4-dinitrophenol as indicator and a fourth series was run 
■with 2-nitro-4-chlorophenol as indicator. The pK  of the 
latter has been measured recently.8 Details of the measure
ments are given in Table I. Much difficulty was experi
enced from the instability of the solutions and no reliable 
result could be obtained from a solution which was more 
than a few hours old; the instability was more marked with 
solutions of low concentration and high pH.

The ionization constants of 3,4-dinitrophenol at 20 and 
30° were needed; measurements at these temperatures are 
reported in Table II. With these data, further spectro-

(7) C. M. Judson and M. Kilpatrick, J. Am. Chem. Soc., 71, 3110 
(1949); R. A. Robinson, M. M. Davis, M. Paabo and V. E. Bower, 
J. Research Nat. Bur. Standards, 64A, 347 (1960).

(8) V. E. Bower and R. A. Robinson, J. Phys. Chem., 64, 1078
(1960).

photometric measurements (Table I) gave the ionization 
constants of hydroxylamine at 20 and 30°.

The ionization constants of 3,4-dinitrophenol 
are; 20°, p K  5.46, 25°, p K  5.42; 30°, p K  5.38.

The average values for hydroxylamine are; 
20°, p K a 6.04; 25°, p K a 5.96; 30°, p K & 5.84.

T a b l e  1 1 “

I onization  C onstants of 3 ,4 -D initrophenol at 20 and

30°
Buffer D vK

20°, 400 mp, Di =  0.025, A =  0.764
f 0.394 5.47
K .416 5.46
h .440 5.44

30°, 400 mp, Di =  0.022, A = 0.761
f 0.427 5.38
£ .440 5.39
h .467 5.37

“ The molarity of 3,4-dinitrophenol was 5.6 X  10 ~6 
throughout. Buffer f, g and h were mixtures of xM  sodium 
hydrogen succinate and xM  sodium succinate where x =  
04)5, 0.025 and 0.01, pH 5.348, 5.406 and 5.477 at 20°, pH 
5.343, 5.403 and 5.474 at 30° and - lo g  7 =  0.117, 0.102 
and 0.077 at 20° and 0.119, 0.104 and 0.078 at 30°, respec
tively.

A comparison of its thermodynamic properties 
with those of the ammonium ion9 gives the follow
ing data:

Hydroxylammonium
ion

AGQ 34,000 
AH0 34,000 
AS0 - 6  t o + 8

Ammonium ion

52,780 j. mole-1 
52,200 j. mole-1 

— 1.87 j . deg.-1 mole " 1
The basic ionization constants of hydroxylamine 

are: 20°, p K h 8.13; 25°, p K h 8.04; 30°, p K b
7.99; so that hydroxylamine is a very much weaker 
base than ammonia.

(9) R. G. Bates and G. D. Pinching, J. Research Natl. Bur. Stand
ards, 42, 419 (1949); J. Am. Chem. Soc.. 72, 1393 (1950).
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