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IDEAL TWO-DIMENSIONAL SOLUTIONS. II. A NEW ISOTHERM FOR 
SOLUBLE AND “ GASEOUS” MONOLAYERS

By Frederick M. Fowkes

Shell Development Com pany, Emeryville, California and M artinez Research Laboratory, Shell Oil Com pany, M artinez, California
Received April 24, 1961

The concept that the adsorbed monolayers on binary solutions act like an ideal two-dimensional solution has been extended 
to monolayers of soluble detergents and “gaseous” monolayers of substances insoluble in the substrate. In these mono- 
layers water molecules in the surface layer are the solvent and the film pressure can be calculated as a direct result of water 
molecules crowding into the monolayer (or two-dimensional solution) because of a decrease in their chemical potential re­
sulting from dilution by the surface-active molecules. From these principles a new isotherm is derived which fits pressure- 
area relations better than the “gas” equations, is more accurate for measuring molecular weights, and represents quantita­
tively the pressure-area relations for soluble detergents.

Several previous investigators of the surface 
tension of binary solutions have found it useful to 
consider the surface layer as a separate phase one 
molecule deep in which the composition is related 
to the two-dimensional tension in the same manner 
as the equilibrium pressure in an osmometer is re­
lated to the composition of the solution inside the 
membrane.1-6 However, these examples were con­
fined to binary systems of small molecules, such as 
ethanol and water. More recently the author has 
shown that this treatment gives quantitative rela­
tions of film pressure to mole fraction for two com­
ponent monolayers on aqueous solutions of syn­
thetic detergents with a second surface-active com­
ponent.7.8 It is now to be shown that the film 
pressure on aqueous solutions of detergents (or 
even of very slightly soluble surface-active mate­
rials) can be related quantitatively to the mole 
fraction of water in the monolayer.

Theory.—The notation is the same as was used 
in Part I of this series.8 Let us consider a dilute 
solution of surface-active substance 1 in water 2.

(1) J. A. Y . Butler, Proc. Roy. Soc. (London), A 1 3 5 , 348 (1932).
(2) J. E. Verschaffelt, Bull, classe sci., Acad. roy. Belg., 22, 373, 390, 

402 (1936).
(3) A. Schuchowitzky, Acta Physicochim. U.R.S.S., 19, 176, 508

(1944) .
(4) J. W. Belton and M. G. Evans, Trans. Faraday Soc., 41, 1

(1945) .
(5) E. A. Guggenheim, ibid., 41, 150 (1945).
(6) R. Defay and I. Prigogine, J. Chem. Phys., 43, 217 (1946).
(7) W. M. Sawyer and F. M. Fcwkes, J. Phys. Chem., 62, 159 

(1958).
(8) F. M. Fowkes, ibid., 65, 355 (1961).

At equilibrium, any change in the free energy of 
the water in the bulk phase (kT d In C2/ 2) must 
equal that in the surface phase at equilibrium

k T  d In c>fi =  k T  d In x2<fe — o-ady (1)
where ci and ft are the mole fraction and activity 
coefficient of the solvent (water) in the bulk, xt 
and <t>2 are the mole fraction and activity coefficient 
for the surface phase, cr2 is the partial molecular 
area of the solvent in the surface film, and 7 is the 
surface tension of the solution. Here o-2 = (drf/ 
Ni2)n„ where A  is the total surface of the system 
and ri\ and ni are the number of molecules of solute 
1 and solvent 2 in the monomolecular surface phase 
of area A .

Equations of State for ‘Gaseous” Monolayers.—
It has been customary to describe very dilute 
insoluble monolayers on aqueous substrates as 
“gaseous” because the a~ea of surface per molecule 
of film-forming substance, A 1, is such that ttA 1 
approaches kT  at infinite dilution. The parallel 
has been drawn to idea, gases and it has been in­
ferred that the pressure ir is the result of collisions 
between molecules of the film. However, it is far 
more appropriate to compare dilute monolayers 
with a solution in an osmometer with an osmotic 
pressure II, where IIV\ approaches kT  at infinite 
dilution (Fi is the volume of solution containing 
one molecule of solute).

In the case of an osmometer containing a solution 
of component 1 in solvent 2 in which molecules of 
the solute are localized by means of a semi-per- 
meable membrane but the molecules of solute are
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free to diffuse through the membrane, equilibra­
tion of solvent between the solution and pure sol­
vent outside the membrane is governed by the 
reduction in chemical potential of the solvent in the 
solution, which reduces the rate of diffusion from the 
solution so that there is a preponderance of dif­
fusion into the solution from the pure solvent be­
yond the membrane. Because of mechanical con­
finement, this penetration of more solvent into the 
solution section of the osmometer causes a rise in 
pressure (II) in that section, which raises the 
partial molar free energy, (?2- At equilibrium 

dG . = k T  d In c.f-i +  Vi dll = 0
where c2 is the mole fraction of solvent in the solu­
tion, f ï  is the p r e s s u r e -in d e p e n d e n t activity co­
efficient, and Vi is the partial molecular volume of 
the solvent in the solution. It can be shown easily 
that at infinite dilution the above equation ap­
proaches in the limit

iiF, = k T

In the case of a dilute monolayer on the surface 
of water in which the molecules of the surface- 
active solute 1 are solvated by water molecules 2, 
the surface layer behaves like a two-dimensional 
solution in which the solute molecules are localized 
by adsorption and sometimes also by insolubility. 
However, the solvent molecules are free to diffuse 
in and out of this surface layer. The solute, being 
concentrated in the surface, preferentially lowers 
the chemical potential of the water in the surface 
layer so that the preponderance of diffusion of water 
is into the surface layer and the surface film pres­
sure (t) rises. The relation of film pressure to mole 
fraction of water in the surface layer (x2) is given 
by equation 1. The term k T  d In C2/2 generally is 
negligibly small with the dilute solutions usually 
considered; consequently

k T  d In X ifc  +  0-0 dir =  0 (2)

and the film pressure is obtained by integration

— 1-7’ In <J2'^7r
it =  In Xi4>2, where =  ------------- (3)a-» ~

For water a2 is virtually independent of film pres­
sure, so that cr2 (9.7 Â.2) may be used for a2. Since 
4>2 is usually unity3’7'8 film pressures of soluble 
monolayers are calculable as

The value of x 2 is easily calculated from known 
values of <ri and a2 for each value of A\ (the total 
surface A  divided by n h the number of molecules of 
component 1 in it). For water, a2 is invariably
9.7 A.2, and for each surface-active solute there ap­
pears to be just one value of tn (e .g ., 26 A.2 for 
sodium dodecyl sulfate) which applied over the en­
tire range of film pressures. This is not entirely 
expected, but is demonstrated in examples to follow 
and in the first paper of this series.8 For sodium 
dodecyl sulfate films (on salt solutions), x2 = 0.50 
at A i  = 35.7 A.2, 0.75 at 55.1 A.2, 0.90 at 113.3 
A.2, etc. The corresponding film pressures at 25°, 
calculated from equation 4, are 29.3, 12.2, and 4.5 
dynes/cm. Thus a complete t - A \  isotherm can be

calculated for surface active solutes on water once 
<ii is known.

The above thermodynamic equation is far more 
accurate than the previously used “gas” equations. 
This is obvious from the steps needed to derive the 
“gas” equations from equation 4, by a procedure 
analogous to that used to derive the limiting form 
of the osmotic pressure equation (II V\ = kT) from 
the exact equation. For a binary solution film 
In x2 = In (1 — Xi). We may approximate In (1 — 
Xi) by only the first term ( — Xi) in the series ex­
pansion ; this is a close approximation only when X] 
is very small. This approximation should not be 
used for w -A i isotherms at high pressures, for the 
error is generally about ir% (1% at 1 dyne/cm., 
10% at 10 dynes/cm., but rising to 40% error at 
30 dynes/cm.). The above approximation results 
in

kT kTni , . . .T =  —  Xi = 1 (approx.) (5)a 2 a2{ni +  n2)
Since
(ill -f- nd) <72 . 1 7110*1 4- 710(72 . , ,
-----------------------------  =  ( f f 2  —  <71)  4 ---------------------------------------- A 1 —  ( (71 —  (72)

111 111

7r[A ! — (a, — era)] =  kT (approx.) (6)

Variations of equation 6 have been widely used. 
For extremely dilute monolayers, (0*1 — <r2) be­
comes negligibly small with respect to A i and 
-nA1 = kT. However, this equation is of little 
value for finite values of it. For protein mono- 
layers Bull9 and others10 have used the substitu­
tion N m /M  = ni (where N  is Avogadro’s number, 
m the mass of material spread on surface area A , 
and M  the molecular weight) to give

■kA = —M ~ 4- (<n -  £72)(approx.) ( / )

A graph of ttA v s . w gives a straight line with an 
intercept from which ilfi is calculable and a slope 
from which a 1 — a2 is calculable. When used with 
large molecules (proteins) the further approxima­
tion of ignoring x2 is quite justified. The extension 
of equation 6 to high pressures is clearly unjustified, 
and to ignore a2 when 0*1 is small is also incorrect. 
Thus, the use of equations such as11

7r(.li — £71) =  kT (very approx.)

for ionized monolayers at high pressures is to be 
avoided.

New Equation of State for “ Gaseous” or Soluble 
Monolayers.—Spread monolayers may be “in­
soluble” in an aqueous substrate for the practical 
purpose of manipulating with a film balance and 
yet up to some limiting film pressure be soluble in 
the surface layer, as indicated by the transition 
from “gaseous” film to a more condensed phase. 
This transition has been clearly discussed by Ter 
Minassian-Saraga and Prigogine.12 The greater 
solubility in the monolayer is illustrated by myristic 
acid at 20°, which shows ideal two-dimensional solu­
tion behavior up to a mole fraction of 7 X 10 3, 
but is soluble in the bulk phase only up to 1.6 X

(9) H. B. Bull, ./. Biol. Chem... 185, 27 (1950).
(10) E. Mischuck and F. Eirich in "M onom olecular Layers,”  Ed. 

by H. Sobotka, A.A.A .S., Washington, D. C., 1954.
(11) I. Langmuir, J. Chem. P h y s ., 1, 756 (1933).
(12) L. Ter Minassian-Saraga and I. Prigogine, M em . des services 

ehirrt de Vetat, 38, 109 (1953).
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10 “6. It appears that the activity coefficient for 
the water in the monolayer (<j>2) is unity up to this 
transition point, and at higher pressures, when only 
a more condensed phase is present, <t>2 is very large.

If an unknown substance is spread as a dilute 
monolayer under conditions that </>2 is unity, its 
molecular weight and <j x may be determined with a 
graph of A  vs. n2/ni as shown in Fig. 1. The 
relationship of n2/rii to tr is calculated from equa­
tion 4 and is the same for all (except polymer) 
monolayers on a given substrate. It is obvious 
that

A = n\Ai = n\&2 d" V\(ti (8)

so that a graph of A /m  (area per mg. of film) vs. 
n2/ni has a slope of riio2/m, from which the molec­
ular weight can be determined, and the intercept 
is ni(Ti/m, from which <ri may be calculated. The 
data of Mischuck and Eirich10 for egg albumen on
2.6 M  ammonium sulfate are plotted in Fig. 1 using 
02 = 9.7 A.2. The slope gives M , the molecular 
weight (41,500) and a molecular area (cq) of 9900 
A.2. Tightest hexagonal packing of these mole­
cules with a peripheral line of water molecules 
separating them would require n2/ni to equal 50. 
Actually the change in slope from single molecules 
to more aggregated species appears to take place 
at about 60 molecules of water per molecule of 
albumen, as judged by the deviation of points 
from the straight line in Fig. 1.

The proposed method of plotting is easier to use 
in that the molecular weight is obtained from a 
slope rather than from a difficult extrapolation of a 
steep line to an intercept near the origin.13 More­
over there is only one approximation used, the 
assumption of ideal solution behavior (<£2 = 1). 
Furthermore, the additional information concern­
ing ni/n-i is of value for it indicates the maximum 
film pressures at which the solute molecules ac­
tually can be separated by solvent molecules 
(0.7 dynes/cm. in the example cited).

Extension to Concentrated Soluble Monolayers. 
—In the case of monolayers of fatty acids the 
surface-solution region does not extend beyond 
pressures of about 0.1 dyne/cm., and with protein 
monolayers on concentrated salt solutions the sur­
face-solution region extends ,o about 0.5 dyne/cm. 
However, in the case of water-soluble detergents 
the surface layers are soluble in water at nearly all 
film pressures. Consequently, all the arguments 
and the equation of state for dilute monolayers 
apply for most of the pressure-area curves.

Figure 2 shows the pressure-area relation for 
sodium dodecyl sulfate (SDS) at 20 and 25°, using 
data from the literature14-16 obtained by Gibbs 
adsorption equation and surface tension measure­
ments. In Fig. 2, the data are plotted according 
to the equation

( 1 3 )  A .  J .  G .  A l l a n  a n d  A .  E .  A l e x a n d e r ,  Trans. Faraday Soc., 50, 
8 6 3  ( 1 9 5 4 ) .

( 1 4 )  A .  P .  B r a d y  a n d  A .  G .  B r o w n ,  i n  “ M o n o m o l e c u l a r  L a y e r s ’ ' 

( r e f .  1 0 ) .

( 1 5 )  E .  J .  C l a y f i e l d  a n d  M a t t h e w s ,  “ P r o c .  I l l  I n t e r n .  C o n g r .  

S u r f a c e  A c t i v i t y , "  B u t t e r w o r t h s ,  L o n d o n ,  1 9 5 7 ,  V o l .  I ,  p .  1 7 2 .

( 1 6 )  E .  M a t i j e v i c  a n d  B .  A .  P e t h i c a  Trans. Faraday Soc., 54, 1 3 8 2  

( 1 9 5 8 ) .

Fig. 1.—Data of Mischuck and Eirich10 for “gaseous” 
monolayers of egg albumen cn 2.6 M  ammonium sulfate 
plotted according to equation 3.

Ratio of water to detergent molecules in surface film (n2z /  
n i).

Fig. 2.—Solutions of sodium dodecyl sulfate, with and 
without salt. Test of proposed isotherm: A i = <n +
(7 22  [ c  kT / (  1  _  e -w  o v / M ’ ) ]  .

/!] = <T! -| f ---^ 2(72 (9)

where 2 is the number of particles per molecule of 
SDS. If the surface solute is dissociated into 2 
particles, this must be taxen into account in using 
x2, the mole fraction of water molecules. Since 
equation 4 relates x2 to -k without any assumption 
regarding the kind of solute particles, the ratio 
x2/(l — x2) = n2/niz, whsre nx is the total number 
of solute molecules (associated and undissociated). 
We may write n2/rhz as ar exponential expression

n - — X- — e, n° ‘‘ !kT _ rim
n\z 1 — x 2 1 — e - T n /k f
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A i, area per molecule of SDS, A.2.
Fig. 3.—Equations of state for soluble monolayers of so­

dium dodecyl sulfate in the presence and absence of salt. The 
first eq. in both cases should read x = — {kT /<n ) In x 2.

---------- 1---------- 1---------- 1---------- 1_______i_______
0 2 4 6 8 10 12
Water molecules per SDS molecule (re2/»i).

Fig. 4.—Ideal solution isotherms for sodium dodecyl 
sulfate adsorbed on the surface of water (ref. 15), calcu­
lated for water layers one or two molecules in depth.

The data in Fig. 2 show the effect of salt on the 
value of z, which is 2.0 on salt-free substrates and 
decreases to 1.0 with increase in salt content of the 
substrate. The data of Clayfield and Matthews18 
were especially useful for the salt-free solutions be­
cause time-effects were taken into account better 
than with other studies without salt. It is obvious 
that these data fit equation 9 very well and the 
intercept at <ri = 26 A.2 of both lines helps confirm 
the validity of applying the ideal two-dimensional

solution equations to soluble monolayers in the 
region of high film pressures. Note that is con­
stant over the whole pressure-area isotherm.

Figure 3 shows the same data and isotherms 
plotted in the customary fashion and compares 
them with the “gas” equations. It is obvious that 
the proposed ideal two-dimensional solution equa­
tions not only have a better theoretical basis than 
“gas” equations, but fit the data far better. At 
larger areas per molecule the “gas” equation gives 
values of A\ which are too large by the value of 5-2 
(9.7 A.2) as discussed earlier. However, the error 
in the linear approximation of In x2 becomes quite a 
bit larger at high film pressures.

The main point is that concentrated soluble 
monolayers at high film pressures act as ideal two- 
dimensional solutions and that pressure-area curves 
for such systems may be calculated accurately 
using the ideal solution equations.

Some soluble monolayers have been studied by- 
adding so much salt to the substrate that they be­
come insoluble.17 The pressure-area isotherms, 
when plotted as in Fig. 2, give z-values of a few 
tenths. This is taken to indicate that the high 
salt content has so reduced the activity of water in 
the surface layer that it thereby has promoted the 
formation of dimers, trimers, and higher aggregates 
in the monolayer as part of the salting-out process.

Other Soluble Monolayers.—Payens18 has pre­
sented some pressure-area curves for soluble 
monolayers of n-octylamine on aqueous substrates. 
The data obtained on a substrate of 0.2 M  acetate 
buffer at pH 6 with 1 M  NaCl give a straight line 
plot according to equation 9 with a z-value of 1.0 
because of theohigh ionic strength. The intercept 
gives (7i = 20 A.2. The data for a film of the same 
material on a substrate of 0.2 M  acetate buffer at 
pH 6 without added salt gave the same intercept 
and a z-value of 1.5, indicating partial conversion 
of the amine to octylammonium acetate. With a 
weaker buffer and lower pH, z should become as 
large as 2.0.

Data obtained on substrates other than water 
require a value of a2 for the molecular area of the 
solvent molecules. In the case of water and pro­
pylene carbonate19 the two-thirds power of the 
molecular volume (9.7 and 30 A.2, respectively) has 
proved adequate. Jarvis and Zisman19 have 
measured the pressure-area isotherm for some 
fluorochemicals adsorbed at the surface of their 
solutions in polar organic solvents. One such pair 
is bis-($'-butyl) 3-methylglutarate in propylene 
carbonate. The plot of the pressure area data as 
A-i vs. n2/fii gives a straight line -with an intercept 
of (j\ = 35 A.2 and a surprisingly small slope (15 
A.2). This slope means either that <r2 is really only 
half the estimated 30 A.2 or that there is a z-value 
of 0.5, indicating that this solute is associated as 
dimers on the surface of the propylene carbonate. 
Dimerization of this solute is not expected but ap­
pears more reasonable than <j 2 = 15 A.2.

Depth of the Surface Phase.—The calculations 
of mole fraction of water in the surface solution

(17) B. A. Pethica, Trans. Faraday S o c 50, 413 (1954).
(18) Th. A. J. Payens, Philips Research Repts., 10, 425 (1955).
(19) N. L. Jarvis and W. A. Zisman, J. Phys. Chem., 64, 157 (1960).
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of monolayers all have been made by assuming 
that only the surface layer of water molecules is in­
volved in the surface solutions. However, since 
water molecules are very small and have strong co­
hesive forces, it appears possible that two or more 
layers of water molecules could be involved in sur­
face solutions. In the case of solutions of sodium 
dodecyl sulfate, where the partial molecular area 
(ji of 26 A.1 2 includes a contribution of the cation 
as well as the sulfate group, we calculate a mole 
fraction x-i of 0.33 at 36 A.2. However, if two layers 
of water molecules were involved in surface solu­
tions, Xi would be 0.50; at the same time the partial 
molecular surface area <r2 would be reduced to 4.85 
instead of 9.7 A.2. The two effects do not quite 
cancel out, as is shown in Fig. 4, which makes use 
of the data of Clayfield and Matthews15 for salt- 
free solutions of sodium dodecyl sulfate (SDS) at 
25°. Here the ratio of water to detergent mole­
cules in the surface solution (n2/Ri) was calculated 
(from the measured film pressure) for two cases: 
water layers one molecule deep or two molecules 
deep. The experimental slopes (<r2 = 10.0 A.2, 
cr2/ 2 = 5.05 A.2) agree with theory (<r2 = 9.7 A.2, 
02/2 = 4.85 A.2), but the intercepts are signifi­

cantly different and only the intercept for the mono- 
molecular layer fits the experimental data. The 
intercept gives or, the partial molecular area of the 
solute; in the monomolecular layer calculation or 
is 26-27 A.2, while in the bimolecular layer calcula­
tion or is 21-22 A.2. Since it already is known 
that or for dehydrated monolayers (on salt solu­
tions17) is 26-27.5 A.2, it appears entirely justified to 
use the monomolecular layer calculation.

In Fig. 4 the monomolecular layer plot includes 
(in the lower left corner) Clayfield and Matthews 
data at pressures over 25 dynes/cm., where the ratio 
of water molecules to detergent molecules ap­
proaches 1:1. It is most interesting to see that at 
this ratio there is a sharp transition from an ideal 
solution monolayer to a dehydrated monolayer (in 
which A i — or). The five measurements of A , =
26.3 A.2 in this region agree well with the 26-27.5 
A.2 found on salt solutions.
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The solubilities of nickel and copper dimethylglyoximes have been determined as a function of temperature in a series of 
solvents. The differences in the derived heats of solution indicate that solvation effects are mere important than the differ­
ence in crystal energies in determining the relative solubility of these two compounds in water, and that the crystal form of 
the copper compound is more stable than the crystal form of the nickel compound. The postulated nickel-nickel bond in 
the solid chelate would seem to be very weak.

The specificity of dimethylglyoxime for nickel (II) 
has been shown to be a result of a solubility effect, 
as copper (II) dimethylgly oxime has a larger for­
mation constant than the less stable nickel(II) 
chelate.3 When comparing the solubilities of a 
compound there are two energy terms to be con­
sidered: the relative crystal energies and the
relative energies of solvation of the species in solu­
tion. In order to examine the solubility difference 
of copper(II) and nickel(II) dimethylglyoximes in 
terms of these two energies, the heats of solution of 
these complexes have been determined, from the 
temperature dependence of the solubility, in water, 
chloroform, benzene, and n-heptane.

Experimental
Apparatus.—The solutions were contained in a double- 

walled glass vessel and were mixed with a magnetic stirrer. 
Water, maintained at constant temperature, was circulated 
through the vessel jacket. The vessel was sealed with a 
standard taper joint held in place by a metal screw clamp.

(1) Taken in part from the Ph.D . dissertation of David Fleischer, 
August, 1958.

(2) Department of Chemistry, University of Arizona, Tucson 25, 
Arizona.

(3) R. G. Charles and H. Freiser, Anal. Chim. Acta, 11, 101 (1954).

A capillary tube, sealed through this joint, terminated at 
the bottom of the vessel in a £ne glass frit. The other end 
of the capillary terminated in a small outer standard-taper 
joint to which could be fitted a short capillary take-off tube 
or a heated pipet.

The pipet was so eonstructec that its tip consisted of only 
the necessary inner standard taper joint. The rest of the 
pipet was wrapped with resistance wire and insulated with 
asbestos. The pipet was kept at a constant temperature 
by maintaining a specific voltage across its resistance.

The photometric measurements were made using a Beck­
man Model DU spectrophotometer. A Model E Leeds 
and Northrup polarograph was used for the polarographic 
measurements. The polarograph cell was of the conven­
tional H-type, using a saturated calomel half cell with an 
agar bridge supported by a glass frit.

Reagents.—Both nickel(II1 and copper(II) dimethyl­
glyoximes were prepared from a 2:1 mole ratio of 0.1 M  
ethanolic dimethylglyoxime and reagent grade nitrate salts 
of the metals. The metal salts were prepared as 0.001 M  
water solutions, to which was added the alcoholic dimethyl­
glyoxime solution. It was necessary to evaporate the 
copper(II) dimethylglyoxime solution before precipitation 
occurred. The preparation erf the copper compound was 
very sensitive to excesses of eitner component, and an amor­
phous solid, instead of crystals, resulted unless exactly 
stoichiometric amounts were used. The analysis of the 
copper(II) dimethylglyoxime crystals gave these percent­
ages:
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C N H
Caled.: 32.7 19.1 4.8
Found: 32.9 19.1 4.8

The reagent grade chloroform was dried over sodium sul­
fate. Benzene, thiophene-free as determined by the isatin 
test, was distilled and dried over metallic sodium. The 
n-heptane was distilled and dried over metallic sodium.

Reagent grade hydroxylamine hydrochloride was ob­
tained from Fisher Scientific Co. The 2,9-dimethyl-l,10- 
phenanthroline (neocuproine) was obtained from the G. F. 
Smith Chemical Co.

The standard metal solutions were prepared from reagent 
grade nitrates. The nickel nitrate solution was standardized 
gravimetrically with dimethylglyoxime, and the copper 
nitrate solution was standardized by electrodeposition.

The hydrochloric acid was distilled from stock acid by the 
method of Foulk and Hollingsworth.4 5

Procedure.—At each temperature, maintained within 
±  0.05°, the first sample was withdrawn at approximately 
18 hr. Subsequent samples withdrawn at 24-hr. intervals 
gave the same concentration, within experimental error, 
as did the first one.

After the highest experimental temperature was reached, 
some of the solubilities were redetermined as the tempera­
ture was lowered. The values obtained by approaching 
equilibrium from both directions agreed within the experi­
mental error.

a. Solubility in Water.—Aliquots of standard nickel solu­
tion were diluted to 100 ml. and 5 ml. of saturated am- 
moniacal dimethylglyoxime was added. The solution then 
was extracted with 5 ml. of chloroform and the absorbance 
determined at 375 m .̂ Extraction was complete as de­
termined by examination of a second portion of chloroform.

The experimental solution was prepared by adding an 
excess of nickel(II) dimethylglyoxime and of dimethyl­
glyoxime to a 0.05 M  ammonium acetate buffer of pH 6.9. 
Sandell6 has determined that the solubility is constant over 
the pH range 5.6-8.9. The 100-ml. samples were collected 
in the heated pipet. This was maintained at 50°, which 
was 5° above the highest temperature used. The samples 
were extracted with 5 ml. of chloroform and the absorbance 
determined at 375 mp.

The calibration samples for the copper solutions were pre­
pared by adding 5 ml. of 1 M sulfuric acid and 0.1 ml. of 
Triton X-100,6 a maximum suppressor, to 5-ml. aliquots 
of standard copper solution. The concentrations were 
determined polarographically and a linear relationship 
between concentration and diffusion current was observed.

The solubility of copper(II) dimethylglyoxime was de­
termined in the same chemical environment as was used for 
nickel(II) dimethylglyoxime. Five ml. of solution was col­
lected at a very slow rate, to allow the solution to come to 
room temperature, in a 10-ml. volumetric flask to which 
5 ml. of 1 M  sulfuric acid had been added previously. 
After addition of 0.1 ml. of maximum suppressor the con­
centration of copper was determined as above.

b. Solubility in Chloroform.—The calibration curves 
described in (a) were used. Aliquots of the nickel(II) 
dimethylglyoxime solution were placed in volumetric flasks 
to which had been added previously aliquots of pure chloro­
form. After mixing, the absorbance was determined at 
375 m m-

Ten ml. of copper(II) dimethylglyoxime solution was 
collected in a 25-ml. volumetric flask to which had been 
added previously 15 ml. of 0.5 M  sulfuric acid. After ex­
traction and addition of maximum suppressor the copper 
was determined polarographically.

c. Solubility in Benzene.—The absorption of the nickel- 
(II) dimethylglyoxime solution was measured at 375 and 
329 m/j. Quantitative dilutions of the sample indicated 
that the 329 m  ̂band obeyed Beer’s law. Since the absorp­
tivity at this wave length is larger than that for the 375 
band, the absorbance at 329 npi was used to establish the 
relative concentration of the samples. The actual concen­
trations were determined by comparison with the concentra­

(4) I. M . Kolthoff and E. B. Sandell, “ Textbook of Quantitative 
Inorganic Analysis,”  The Macmillan Co., New York, N. Y ., 1952.

(5) II. Christopherson and E. B. Sandell, A n al. Chim. Acta, 10, 1 
(1954).

(6) Rohm and Haas Co., Philadelphia, Pennsylvania.

tion of the 25° sample, which was found polarographically 
in the following manner.

A calibration curve was prepared by adding 5-ml. aliquots 
of standard nickel solutions to 5 ml. of 1 M  distilled hydro­
chloric acid. The resultant solution was taken almost to 
dryness in a 25-ml. flask. After dilution to volume with a 
solution 0.5 M  in pyridine and 1 M  in potassium chloride 
the concentration of nickel was determined polarographi­
cally. A linear relationship was found between the diffusion 
current and the concentration.

To find the concentration of the 25° solubility sample, a 
10-ml. aliquot of the benzene solution was extracted with 
5 ml. of 1 M distilled hydrochloric acid. After the acid 
layer was evaporated almost to dryness, the solution was 
diluted to the mark with the potassium chloride-pyridine 
solution, and the nickel concentration was determined 
polarographically as above.

The calibration curve for copper was established by 
evaporating 5-ml. aliquots of standard solutions, almost to 
dryness, in a 10-ml. volumetric flask. The solution was 
taken to the mark with 1 M  hydrochloric acid. After 
addition of 0.1 ml. Triton X-100 the copper was determined 
polarographically. A linear relationship was found be­
tween the diffusion current and the copper concentration.

The experimental solutions were analyzed in the following 
manner: Fifty-ml. aliquots of solution were collected in a 
volumetric flask and transferred to a separatory funnel. 
The flask was rinsed with 5 ml. of 1 M  hydrochloric acid and 
several portions of distilled water which also were added to 
the separatory funnel. After extraction the acid layer was 
transferred to a 10-ml. volumetric flask and taken almost 
to dryness. The solution was taken to the mark with 1 M  
Irydrochloric acid and 0.1 ml. maximum suppressor added.

d. Solubility in n-Heptane.—The calibration curve for 
nickel is described in (a).

The experimental solutions were analyzed in the following 
manner: Aliquots of the nickel(II) dimethylglyoxime solu­
tion were collected in volumetric flasks and transferred to 
a separatory funnel. To the aqueous layer was added 1 ml. 
of an ammoniacal solution of dimethylglyoxime and 5 ml. 
of chloroform. After extraction the absorbance was de­
termined at 329 m/x.

The calibration curve for copper was determined by adding 
5 ml. of 10 w./v. %  hydroxylamine hydrochloride and 4 ml. 
of 0.1 w./v. % neocuproine in absolute ethanol to aliquots 
of standard solution.7 The copper complex was extracted 
with 15 ml. of chloroform which then was brought to 30 ml. 
with ethanol. The absorbance was determined at 457 mu 
in 10-cm. cells. A linear relationship between concentra­
tion and absorbance was found.

The experimental solutions were analyzed in the following 
manner: Portions of the copper(II) dimethylglyoxime solu­
tion were weighed into a separatory funnel and extracted 
with 10 ml. of 1 M  hydrochloric acid. To the acid layer 
were added the same quantities of reagents as were used for 
the calibration determinations. After the solution was 
brought to a pH of 4-7 with ammonium hydroxide, it was 
extracted with 15 ml. of chloroform and the organic layer 
was diluted to 30 ml. with ethanol.

Discussion
The necessary experimental condition for separat­

ing differences in crystal energy from differences in 
solvation energy is to find a solvent in which the 
heats of solvation of both species are equal. The 
closer the chemical compositions and structures of 
two compounds are, the closer this condition can 
be approached.

The molecular structure of both nickel(II)8 and 
copper(II) dime thy lgly oximes9 have been deduced 
from X-ray crystallographic measurements. In 
both complexes the central metal atom is bonded to 
four nitrogen atoms and hydrogen bridges exist 
between the glyoxime oxygen atoms of the two 
ligand molecules. Both the glyoxime hydroxyl

(7) A. R. Gahler, A nal. Chem., 26, 577 (1954).
(8) L. E. Godycki and R. E. Rundle, Acta Cryst., 6, 487 (1953).
(9) E. Frasson, R . Bardi, and S. Bezzi, ib id ., 12, 201 (1959).
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Solubility in water
t, °c. 5 X 105 (moles/1.)

NiDx2 CuDx2

10.0 568 ±  0% (2)“
15.0 579 (1)
20.0 568 ±  0% (2)
25.0 0.105 ±  9%10 (4)“ 568 ±  0% (7)
30.0 .139 ±  4% (3)
35.0 .184 ±  2% (3)
40.0 .240 ±  2% (4)
45.0 .307 ±  2% (3)

! Number of determinations.
Solubility in chloroform

i. "C.
s  x :o<

NiDx2
( moles/l.)

C u D x î

10.4 3.03 ±  1% (2)“
15.0 3.40 ±  0.2% (4) 11.5 ±  1% (3)“
20.0 3.88 ±  .7% (5) 12.0 ±  0% (4)
25.0 4.62 ±  .6% (6) 12.4 ±  0% (2)
30.0 12.9 db 2% (3)

Solubility in benzene

t, °c. S X :0 s (moles/l.)
NiDx2 CuDx2

20.0 6.02 ±  1% (3)°
25.0 7.53 ±  1% (4) 4.1 ±  2% (3)“
30.0 8.88 ±  0.5% (2) 6.1 ±  2% (3)
35.0 11.21 ±  1% (4) 7.8 ±  1% (5)
40.0 10.1 ±  2% (2)

Solubility in n-heptane

t, ° c .
& X 107 (moles/I.)

NÌDX2 CUDX2
25.0 2 .5 h 1.846
30.0 3.67 ±  6% (5)“
35.0 5.72 ±  3% (2)
40.0 8.36 ±  3% (2)
45.0 11.2 ± 2 %  (3) 11.8 ±  1% (4)“
50.0 14.3 ± 3 %  (3) 15.8 ±  3% (5)
60.0 36.4 ±  3% (4)

Thermodynamic quantities at 25°

Solvent Solute
A S«

(kcal.) (e.u.)
Hot) NiDx/ 9.0 30.2

CuDx/ 0.0 0
CHCls NiDx, 4.8 16.1

C uD x2 1.3 4.4
C6H6 NiDx2 6 .6  2 2 .2

C uD x2 10.0 33.6
C,H,6 NiDxo 14.8 49.7

C uD x2 16.6 55.6
Number of determinations. b Extrapolated value

'NiDxj—nickel(II) dimethylglyoxime. d CuDx2—c.opper- 
(II) dimethylglyoxime.

groups in the nickel complex are joined by hydrogen 
bridges approximately 2.40 A. long (0-0 distance), 
which are the shortest yet determined.11 The 
corresponding hydrogen bridges in the copper 
chelate are weaker, having 0-0 distances of 2.53 
and 2.70 A.9 The difference in the two hydrogen 
bridges in the copper chelate is attributed to the 
fact that one of the oxygens is coordinated to the 
copper atom in the adjacent molecule forming a 
dimer.

(10) Sandell, ref. 5, finds 0.097 X 10-s.
(11) D. E. Williams, G. Wohlauer, and R. E. Rundle, J. Am. Chem. 

Soc., 81, 755 (1959).

In both chelate molecules the internal hydrogen 
bonds would seem to be preserved in solution. 
Several investigators hive found nickel (I I) di­
methylglyoxime to be unreactive with several re­
agents specific for active hydrogen.12-14 The most 
reactive of these reagents methylmagnesium iodide, 
was found to be unreaitive with copper(II) di­
methylglyoxime.15 This chemical evidence, with 
the physical evidence given above, would seem to 
establish conclusively that nickel (II) and cop- 
per(II) dimethylglyoximes have, at least in organic 
solution, identical structures.

Although the molecular units of these two 
chelates have apparently the same structure in 
organic solution, their crystal lattices are entirely 
different. The molecules of the nickel compound 
form an orthorhombic crystal with the nickel atoms 
stacked one above the other. In the monoclinic 
copper(II) dimethylglycxime crystal the copper 
atoms alternate about a vertical axis with the 
organic part of adjacent layers interposed between 
them.

This difference in crystal structures has led to 
the suggestion that the solubility difference be­
tween these two chelates results from a greater 
crystal stability of the ni "kel chelate imparted by a 
nickel-to-nickel bond.11 The structural measure­
ments show this proposed bond to be 3.24 A. long. 
When this distance is compared to a bond length 
of 2.30 A., calculated from covalent radii,16 the 
discrepancy of 0.94 A. seems to be rather large. 
The energy of this proposed bond has been esti­
mated to be 10 kcal.,17 but the method was not 
indicated.

This argument for the Ni-Ni bond also has been 
supported by the solu lility difference between 
nickel(II) dimethylglyoxime and nickel(II) ethyl- 
methylglyoxime in water.18 The substitution of 
the ethyl group increases the C-side of the crystal, 
which increases the Ni-Ni distance and also in­
creases the solubility. However, the solubilities of 
a series of wc-dioximes reported in a recent paper 
were found to restrict ‘his conclusion,19 since no 
correlation was found between the measured Ni-Ni 
bond lengths and the solubilities of the respective 
compounds unless the mture of the ligands com­
pared was very similar. In addition, nickel (II) 
diaminoglyoxime was found to have a crystal 
structure incompatible with Ni-Ni bonds, yet its 
solubilities in the same solvents as were employed 
with nickel(II) dimethylglyoxime were so small as 
to be immeasurable. Such comparisons among 
chelates having different; organic residues cannot 
lead to valid conclusions concerning crystal energy, 
since changes in the organic residue would affect 
the solvation energy and it would seem that an 
expansion of the crystal would raise its energy re­
gardless of the existence of a metal-to-metal bond.

(12) L. TschugaefF, J. Chem. Sue., 105, 2192 (1914).
(13) M . F. Barker, Chem. News, 130, 99 (1925).
(14) D. L. Brady and M . M. Mtiers, J. Chem. Soc., 1599 (1930).
(15) M. Tirpak, University of Pittsburgh, private communication.
(16) T. Moeller, “Inorganic Chemistry,” John Wiley and Sons, Inc., 

New York, N. Y„ 1952.
(17) R. E. Rundle, J. A m . Chem. Soc., 76, 3101 (1954).
(18) A. G. Sharpe and D. B. Wakefield, J . Chem. Soc., 281 (1957).
(19) C. V. Banks and D. W. Barnum, J. A m . Chem. Soc., 80, 3579 

(1958).
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Without postulating the reasons for the differ­
ence in crystal energies, it would seem possible, in 
view of the close similarity of structure of nickel(II) 
and copper(II) dimethylglyoximes, to evaluate this 
difference by comparing their heats of solution in 
an appropriately chosen solvent. The solvent of 
choice would be one in which solvation effects 
would be absent. The trend observed in the ex­
perimental data indicates that this condition has 
been closely approached. Comparing the stand­
ard entropy changes for both chelates in water, 
chloroform, benzene, and heptane, it is seen that 
AS*0 becomes increasingly more positive. This 
quantity represents the entropy of fusion plus the 
entropy change on going from the ideal to the real 
solution. Since the latter term can be only zero 
or negative, the more positive A S20 is, the more 
nearly ideal the solution, and the increasing order 
indicates a decreasing order of solvent-solute inter­
action for these chelates. Furthermore, it is seen 
that the quantity A(AH°) =  A£?Ni0 — AiTcu0 
decreases going from water to chloroform solution, 
while A(AH°) for benzene and heptane, —3.4 
and —1.8 kcal., respectively, are equal within ex­
perimental error. Regardless of any specific 
solute-solvent interactions in other solvents, it is 
difficult to imagine any significant difference in 
solvation for nickel(II) and copper(II) dimethyl­
glyoximes in such inert solvents as these two hydro­
carbons. The fact that copper(II) dimethyl- 
glyoxime exhibits a significantly smaller endother­
mic heat of solution than the nickel chelate in both 
water and chloroform reflects metal-solvent inter­
action in keeping with the known ability of copper

to exhibit a coordination number higher than
four.20-23

In this connection it is interesting to note that the 
authors found that addition of n-butylamine to an 
aqueous solution of the copper chelate permitted 
its quantitative extraction into chloroform, whereas 
a much smaller effect was observed with the nickel 
chelate.

An alternative explanation could be advanced in 
terms of a difference in ability to engage in inter- 
molecular hydrogen bonding. There is, however, 
no additional evidence indicating that the copper 
complex would have more ability to participate in 
such interactions with water and chloroform than 
the nickel complex.

It is concluded that, although the sources of the 
differences are not apparent, crystalline copper(II) 
dimethylglyoxime is more stable by about 3 kcal. 
than crystalline nickel(II) dimethylglyoxime; also 
that the difference in hydration energies between 
these two compounds is more important than their 
difference in crystal energies in determining their 
relative solubilities in water. If a nickel to nickel 
bond does exist in the solid, it would have to be 
extremely weak.
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TRIFLUOROMETHANE: ENTROPY, LOW TEMPERATURE HEAT 
CAPACITY, HEATS OF FUSION AND VAPORIZATION, AND VAPOR

PRESSURE1
By R. H. V a l e n t i n e , G. E. B r o d a l e , a n d  W. F. G ia u q u e

L ow  Temperature Laboratory, Departments o f Chem istry and Chemical Engineering, University o f California, Berkeley, Cal.
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The heat capacity of trifluoromethane has been measured from 15°K. to its boiling point. The measured values of the 
heat of fusion and melting point were found to be 970 cal. mole“ 1 and 117.97°K. The heat of vaporization was 3994 cal. 
mole 1 at the boiling point, which was determined as 190.97 °K. The vapor pressure of the liquid has been measured over 
the range 145 to 191 °K. The vapor pressure of solid and liquid has been represented by an equation combining the (F °  — 
Ho'>) / T  function with an expression for gas imperfection. A table of calculated values of vapor pressure is given for both 
solid and liquid. The triple point pressure was calculated to be 0.046 cm. The heat of sublimation at the absolute zero, 
Aflo°_= 6013.5 cal. mole *. The entropy of the ideal gas was evaluated from the experimental measurements as 57.18 gbs. 
mole-1 at 190.97°K. and 1 atm. The corresponding value calculated from molecular data is 57.23 gbs. mole-1 at 298.15°K., 
S ° = 62.05 gbs. mole-1, compared to 62.00 experimental. Tables of C p°, S°, (E ° — H aa)JT, and (H ° — H 0° ) /T  are given for 
solid, liquid, and gas. _ It is pointed out that CHF3 is so easily purified in a fractionating column, and its melting point so 
constant with the fraction melted, that it would be useful to compare it with a gas thermometer as a temperature standard.

This paper describes a low temperature calori­
metric investigation of fluoroform, CHF3, for the 
purpose of determining its entropy. The boiling 
points of the series CER, CH3F, CH2F2, CHF3, CF4 
rise in a very marked maximum at CH2F2, with 
reasonably smooth intermediate values for CIi3F 
and CHF3. CH2F2 could form two hydrogen

(1) This work was supported in part by the National Science
Foundation.

bonds, whereas CH3F and CHF3 could form only 
one each, which would be in line with the above 
boiling point order.

The tetrahedral molecule perchloryl fluoride, 
C103F, has been found to have residual entropy2 
due to exchange of atomic positions. While this 
effect did not seem likely to occur in the present

(2) J. K. Koehler and W. F. Giauque, J.  Am . Chem.  Soc. ,  80, 2659
(1958).
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case, especially in view of the low freezing point, 
there was at least a possibility of some disorder, 
such as the 2% detected in one crystalline form of 
carbonyl chloride.3 We did not, of course, con­
sider that the energy change involved would corre­
spond to the breaking of a possibly weak hydrogen 
bond but rather the difference in energy between 
a hydrogen bond made in either of two very similar 
situations. However, the measurements have 
shown that the crystal approaches zero entropy at 
limiting low temperatures.

Calorimetric Apparatus and Temperature Scale.—The 
measurements were made in Gold Calorimeter V.4 A gold 
resistance thermometer-heater was used for precision in 
temperature measurements and standard copper-constantan 
thermocouple No. 102 was used as a temperature reference. 
The thermocouple was checked at the triple and boiling 
points of hydrogen, and the tr'ple point of nitro en, by con­
densing these substances within the calorimeter. The 
thermocouple was in agreement at the triple point (63.15°K.) 
of nitrogen, and required a correction of about —0.08° at 
the triple point (13.94°K.) and —0.06 at the boiling point 
(20.36°K.) of hydrogen. 0°C. was taken as 273.15°K.

One defined calorie was taken a3 4.1840 absolute joules.
Sample of Trifluoromethane.—The trifluoromethane was 

a 3-lb. lot of 98% pure material obtained from the Matheson 
Co. It was distilled in a vacuum jacketed, silvered, low 
temperature helices filled fractionating column2 at a reflux 
ratio of about 200:1. The distillation pressure was about 
55 cm. A 191.557-g. (in  vacuo) sample was selected from 
the middle fraction and condensed into the calorimeter.

The heat capacity curve below the melting point, while 
rising rapidly, gave no indication of premelting and we infer 
that the sample contained less than one part in one hundred 
thousand on a molal basis of liquid soluble-solid insoluble 
impurity. This probably is to be expected in the case of 
such a low boiling liquid with properties considerably 
different from those of likely impurities.

Heat Capacity Measurements.—The heat ca­
pacity measurements are given in Table I. The

T able  I
H eat  Capacity  of T rifluoromethane

0°C = 273.15° K., mol. wt. CHFS = 70.018, 2.73582 moles 
in the calorimeter; heat capacity in gibbs mole-1 = defined 

cal. deg.-1 mole-1
T'av» Tav, T „ ,
° K . Orneas. °K . Cmeas- °K . Cneaa.

Series I
15.37 1.91 67.79 11.54 102.10 14.56
16.76 2.40 73.97 12.07 105.63 14.99
19.10 3.10 80.44 12.61 108.24 15.33
22.00 3.92 86.80 13.12 Series III
24.28 4.65 92.57 13.64 122.73 20.25
28.13 5.70 97.85 14.11 129.82 20.10
30.39 6.24 102.73 14.60 137.93 20.02
33.29 6.90 107.27 15 19 146.32 20.00
36.25 7.54 111.29 15.78 154.60 20.02
39.32 8.07 115.02'’ 16.21 163.29 20.08
42.62 8.65 Series II 171.95 20.20
46.57 9.24 80.97 12.58 180.82 20.37
50.99 9.81 89.01 13.27 189.33 20.59
56.00 10.42 93.33 13.69
61.72 11.18 97.87 14.13
°  Resistance thermometer temporarily strained. Heat

capacity calculated from thermocouple.
observations were continuous in the sense that 
each run began where the previous one ended, thus 
there were no unobserved regions. An almost triv­
ial correction to the measured heat capacity,

(3) W. F. Giauque and J. B. Ott, J. Am. Chem Soc., 82, 2089 (I960)*
(4) J. B. Ott and W. F. Giauque, ibid., 82, 1308 (1960).

under saturation pressure, was made on the results 
for liquid fluoroform in computing the smoothed 
values of Cp which are given later.

The Melting Point and Heat of Fusion of Tri­
fluoromethane.—The melting point was observed 
as a function of the fraction melted. There was 
essentially no change. Trifluoromethane appears 
to be so easily purified that it would make a good 
temperature reference if b were compared directly 
with a gas thermometer. Other desirable charac­
teristics in this connection are that it is non-flam­
mable, non-toxic, and crn be readily condensed 
into suitable pressure vessels for storage or trans­
portation.

The melting point observations are given in 
Table II. The resistance thermometer gave very 
high precision, demonstrating the constancy of the 
melting point to 0.001°, however, the resistance 
thermometer was calibrated in terms of the stand­
ard thermocouple and the temperature given is 
±0.05° in an absolute sense.

T able  II
M elting  Point of T rifluobom ethane

0°C. = 273.15° K.
Time, min. % Melted T, °K., resistance thermometer

0 Heat added
39 3 117.970
59 Heat added
71 12 117.971

119 Heat added
214 49 117.971
354 49 117.971

1394 49 117.971
Accepted value 117.97 ±  0.05°K.

The heat of fusion was determined in the usual 
manner of starting heat input below the melting 
point and ending above :t, with appropriate cor­
rections for the /Op AT. The data are given in 
Table III.

T able  III
H eat  of F usion  of T rifluorom ethane  
Cal. mole-1, triple point = 117.97° K.

Tu °K. Tu °K.
Tot; 1 heat 
input (cor.) y c P dT AH

116.806 121.472 1061.7 89.1 973
117.149 122.990 1083.2 115.8 967
117.079 120.884 1043 0 74.3 969

Av. 970 ±  3

Heat of Vaporization of Trifluoromethane.—•
The method used for measuring the heat of vapori­
zation was essentially that described earlier,5 
except that the 5-1. bulb which accepted the gas at 
constant pressure was nit thermostated or cali­
brated. The amount cf fluoroform was determined 
later by condensation in a stainless steel pressure 
vessel. The amounts o: about 0.1 mole were 
determined to 0.02%. The weighings were cor­
rected for the buoyancy o: the weights. The heats 
of vaporization were measured within about 0.2° 
of the boiling point and an appropriate correction 
was made. The results are given in Table IV.

(5) W. F. Giauque and H. L„ Jofenston, ibid., 51, 2300 (1929).
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T able IV
H eat of V aporization  of T rifluoromethane  

Cal. mole“ 1, boiling point = 190.97°K.
M o le s  T im e  o f  h e a t
e v a p . in p u t , m in . AH

0.11399 30 3993.5
.11215 34 3992.8
.08612 34 3995.5

Av. 3994 ±  4

Thermodynamic Properties of Solid and Liquid 
Trifluoromethane.—The thermodynamic properties 
of solid and liquid trifluoromethane are given in 
Table V. The extrapolation below 15 °K. could be 
done only by recognizing Einstein contributions to 
the heat capacity in the region 15-30°K. in addi­
tion to the expected Debye term. The properties 
of the gas are given in Table VI. The moments 
of inertia were taken from Bernstein and Herzberg.6 
/ Ao = I Bo = 81.08 X 10 40, I c ° =  148.67 X 
10 “40 g. cm.2. The fundamental frequencies were 
taken from Plyler and Benedict.7 The values used 
were 507(2), 700(1), 1150(1), 1152(2), 1372(2), 
and 3031(1).

Values of the thermodynamic properties of the 
gas at higher temperatures are given at 100° in­
tervals to 1500°K. by Gelles and Pitzer.8

T able  V
T hermodynamic  Properties of Solid and  L iquid  T ri­

fluoromethane in  G ibbs M o l e “ 1
1 gbs. =  1 defined cal. deg. 1

T, ° K . C p » S» — (F »  -  Ho0)/ 
T

( « »  -  H o « ) /  
T

15 2.601 0.668 0.174 0.494
20 3.370 1.400 .384 1.016
25 4.870 2.315 .676 1.639
30 6.146 3.320 1.033 2.287
35 7.268 4.354 1.433 2.921
40 8.229 5.389 1.860 3.529
45 9.012 6.405 2.309 4.096
50 9.697 7.390 2.768 4.622
55 10.309 8.344 3.232 5.112
60 10.854 9.265 3.697 5.568
70 11.750 11.008 4.618 6 390
80 12.541 12.629 5.519 7 110
90 13.390 14.154 6.395 7.759

100 14.331 15.613 7.244 8.369
110 15.583 17.034 8.070 8.964
117.97 16.853 18.167 8.714 9.453

liquid
117.97 20.410 26.389 8.714 17.675
120 20.340 26.737 9.012 17.725
130 20.094 28.354 10.442 17.912
140 20.016 29.839 11.775 18.064
150 20.005 31.219 13.026 18.193
160 20.049 32.512 14.204 18.308
170 20.176 33.730 15.317 18.413
180 20.369 34.889 16.372 18.517
190 20.632 35.997 17.376 18.621
190.97 20.662 36.102 17.471 18.631

(6 ) H . J . B e r n s te in  a n d  G . H e rz b e rg , J. Chem. Phys., 16, 30  (1 9 4 8 ).
(7 )  E . K .  P ly le r  a n d  W . S . B e n e d ic t ,  J. Research Natl. Bur. Stand­

ards, 47, 2 0 2  (1 9 5 1 ).
(8 )  E . G e lle s  a n d  K .  S . P itz e r , J. Am. Chem. Soc., 76, 5 25 9  (1 9 5 3 ).

T able  VI

T hermodynamic  P roperties of T rifluorom ethane G as 
in G ibbs M o le“ 1 

1 gbs. = 1 defined cal. deg.-1
~ (F °  -  H e » ) /  {H° -  H o » ) /

T, ° K . C p » s° T T

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

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

3 9 0 1 4 . 3 5 6 6 5 . 6 0 2 5 5 . 3 8 3 1 0 . 2 1 9
4 0 0 1 4 . 5 7 6 6 5 . 9 6 9 5 5 . 6 4 3 10.326
450 15.617 67.746 56.890 10.856
500 16.554 69.441 58.061 11.380

The Vapor Pressure and Gas Imperfection of Trifluoro­
methane.—The vapor pressure was measured from 145°K. to 
the boiling point. A cathet.ometer was used to compare a 
16-mm. diameter mercury manometer with a standard 
meter bar.

Corrections were applied for the meniscus depression9 
and also for the weight of the column of fiuoroform in the 
tube leading to the calorimeter, g was taken as 979.97310

(9 )  W .  C a w o o d  a n d  H . S . P a tte r s o n , Trans. Faraday Soc., 29, 5 1 4  
(1 9 3 3 ).

(1 0 ) L a n d o lt -B o r n s t e in -R o t h , "P h y s ik a l is c h e -C h e m is c h e  T a b e l l e n , ”  
V e r la g  J u liu s  S p r in g e r , B e r lin , 1923 .
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for this location and ffo = 980.665 cm. sec.“ 2. The density 
of mercury was taken from the I.C.T . 11

We have analyzed the vapor pressure data by 
a method which previously12'13 has been shown to 
be very sensitive in showing errors in such measure­
ments. For pressures near or below one atmos­
phere Berthelot’s equation may be written in the 
approximate form

P V  = R T  +  b P / T 3 (1)
A F ° / T  = - R  I n f / a m = - R l n P  -  b ' P / T 3 -

F„) (1 -  P ) / T  (2 )
where b' (cal. deg.2 atm.“1 mole“1) corresponds 
to b (cm.3 deg.2 mole1), /  represents the fugacity of 
the gas, and o<i> the activity of the liquid referred 
to the standard state at one atmosphere.

AF° _  /Fo -  tfo°\ (F° -  H0«\ AH0°
' T  V T  J (s>  ̂ T  /„> +  T

Let
AH I  =  _  /F° -  H0°\ / F° -  H0o\

T  \ T  /  (g) ' \ T  / (i)
f l I n P - ( Z L » a „ -

where AH0' is an approximate value of the heat of 
sublimation of trifluoromethane at the absolute 
zero, obtained by ignoring gas imperfection.

The values of AH0' are plotted against P / T 2, 
and the intercept should give the true AH0' for 
sublimation at the absolute zero. The above plot 
is found to be a straight line, which gives a reason­
able basis for the use of the form 5/ T 2 in estimating 
temperature coefficients for use in correcting en­
tropy and heat content for gas imperfection.

The value of AH a° was found to be 6013.5 cal. 
mole-1 for the heat of sublimation at 0°K. b' = 
— 6.0 X 105 cal. atm.-1 deg.2mole“1.

There is another method of evaluating the second 
virial coefficient at the boiling point, where the 
heat of vaporization was measured

(3 )

(4 )

V u
A H  
T

X  g  +  Fu,
R T  p  
P  +  T 3 (5)

AH  is the heat of vaporization
%  corresponds to the boiling point
F(i, = 48 cm. 3 estimated for CKF3 at 190.97°K. (b.p.)
b1 is found to be —6.67 X 105 cal. atm. “ 1 deg. “ 1 mole“ 1

Although the above value 0' =  —6.67 X 106 has 
less uncertainty in its evaluation, it depends on the 
assumed l / T 2 form. We prefer to use the value 
— 6.0 X 10B obtained from the vapor pressure data, 
because it is more intimately connected with 
temperature coefficients, and the value of b which 
is obtained by that method will to some extent 
correct for an error in the assumed temperature 
dependence. Values of the vapor pressure at even 
temperatures for solid and liquid are given in 
Table VIII. They were calculated from the equa­
tion

)  gbs.A H 0C
T ~

_ VP _  / F(1,(i -  py 
T 3 V 41.29T (6)

where AH 0° = 6,013.5, «/ = -6.0 X 106, V m =  
48 cm.3 estimated. The experimental observa­
tions are compared with equation 6 in Table VII.

T a b l e  VII
O b s e r v e d  V a p o r ’P r e s s u r e s  o f  T r i f l u o r o m e t h a n e

In ter•. cm .
T, ° K . F obs. Pealed.

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

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

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

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

1 8 3 . 8 8 2 4 3 . 5 1 4 9 . 5 3

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

1 8 7 . 8 8 9 6 3 . 3 4 6 3 . 3 3

1 8 9 . 5 5 1 6 3 . 9 2 6 9 . 9 1

1 9 1 . 1 7 7 7 3 . 8 9 7 6 . 9 3

T a b l e VIII
V a p o r  P r e s s u r e  o f  S o l i d a n d  L i q u i d  T r i f l u o r o -

M E T H A N E
In te r . cm .

T, ° K . F T, ° K . p
S o lid L iq u id

4 0 3 . 6 2  X I Q -2 4 1 2 0 6 . 4 9  X  1 0 “ 2
5 0 2 . 0 9  X 1 0 “ 17 1 3 0 3 . 0 4  X  1 0 “ 1
6 0 6 . 5 1  X 1 0 “ 13 1.40 1 . 1 1

7 0 I . 0 2  X 1 0  “ 9 1 5 0 3 . 3 1

8 0 2 . 4 7  X 1 0  “ 7 1 6 0 8 . 4 5

9 0 1 . 7 0  X 1 0  “ 6 170 19.01
1 0 0 4.90 X 1 0 “ 4 180 38.54
1 1 0 7.42 X 1 0 “ 3 190 71.85

Triple point Boiling point
117.97 4,.56 X 1 0  “ 2 190.97 76.00

The Entropy of Trifluoromethane from Calori­
metric Data.—-A summary of the entropy calcula­
tion is given in Table IX.

T a b l e  I X

T h e  E n t r o p y  o f  T r i f l u o r o m e t h a n e  i n  G i b b s  M o l e “ 1 

1  gbs. = 1  defined cal. deg. - 1  

0-15°K. (extrapolation) 0.67
15-117.97° (graphical integration) 17.50
Fusion, 970/117.97 8.22
117.97-190.97 (graphical integration) 9.71
Vaporization, 3994/190.97 20.91
Entropy of CHF3 gas at b.p. 190.97°K. 57.01
Corr. to ideal gas, A S  = —2b ’P / T 3 0.17
Entropy of ideal CHF3 gas at b.p. 57.18 gbs. mole“ 1 

¿¡° from molecular data at 190.97°K. 57.23
At 298.15°K., lS°moldata =
62.045 iS°exp. = 62.00 gbs. mole“ 1

R  ln P (atm)

(1 1 ) “ In t e r n a t io n a l  C r it ic a l  T a b le s , ’ ’ V o l . 2 , M c G r a w -H i l l  B o o k  
C o . ,  N e w  Y o r k ,  N . Y . ,  1 9 2 6 , p . 45 7 .

(1 2 ) R .  H . B u s e y  a n d  W . F . G ia u q u e , J. Am. Chem. Soc., 75, 8 0 6  
(1 9 5 3 ).

(1 3 ) R .  H . S h e rm a n  a n d  W . F . G ia u q u e , ibid., 77, 2 1 5 4  (1 9 5 5 ) .

i Ii mi m inim i8

In computing the va.ue of S° given as experi­
mental at 298.15°K., :he increment above the 
boiling point has been taken from the spectro­
scopic data.

We thank John P. Chan for assistance with the 
measurements and calculations.
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INTERACTIONS OF AMMONIA WITH GRAPHITE OXIDE
By W. H. S l a b a u g h  a n d  B. C. S e i l e r

Department of Chemistry, Oregon State University, Corvallis, Oregon 
Received August 2, 1961

Certain aspects of the structure of graphite oxide and the mechanism by which it adsorbs ammonia have been investi­
gated through observation of the phenomena: adsorption isotherms and isobars, infrared absorption spectroscopy, and X-ray 
diffraction. From the apparent stepwise process of adsorption and intercalation of ammonia, the graphite oxide is shown 
to consist of laminar platelets that are populated by enol and keto groups. The resulting rough surface possesses holes or 
cavities that accommodate the early portions of adsorbed ammonia. Further adsorption produces a monolayer that sepa­
rates the'platelets by distances proportional to the size of the ammonia molecule. The adsorption process is not simple, but 
involves condensation of the film, chemical interaction with the acidic sites, and physical adsorption.

Introduction
Although graphite oxide has been known since 

1859, when Brodie1 first oxidized graphite with 
fuming HN03 and KC103, little has been reported 
about its gaseous adsorption properties. Graphite 
oxide has two features which make it a potentially 
good adsorbing agent. First, graphite oxide re­
tains a laminar structure similar to graphite itself,2 
and therefore, it should have approximately the 
same surface area as graphite. Second, graphite 
oxide has been found by Thiele,3 Hoffman,4 5 and 
others to have radicals such as carboxyl, hydroxyl, 
epoxy, and possibly other groups attached to the 
hexagonal platelets. These groups constitute ener­
getic sites for chemical adsorption, especially for 
polar molecules.

The adsorption of water and certain non-polar 
gases, such as nitrogen and hexane, on graphite 
oxide has been studied by several investigators.6-6 
They found that, while there was considerable 
water adsorption, the adsorption of non-polar gases 
was comparatively small. The adsorption of water 
is attributed to the intercalation of water molecules 
between the graphite oxide platelets, which is possi­
ble because of the high dipole moment of water and 
the hydrophilic nature of graphite oxide.

Because of the acidic nature of graphite oxide 
and the high polarizability of NH3, the adsorption 
of this gas should be even more interesting than 
that of water. This paper shows the results of an 
investigation of the graphite-NH3 system, in­
volving adsorption and desorption isotherms, in­
frared absorption spectra, and X-ray diffraction. 
An examination of the adsorption properties of 
graphite oxide salts also is included.

Experimental
Sample Preparation.—The graphite oxides were prepared 

from Canadian graphite No. 5, which was supplied by the 
Asbury Mills, Asbury, New Jersey. The material was 99% 
pure and its particle size was less than 35 p in diameter. No 
preliminary treatment of the graphite was made.

Samples of graphite oxide were prepared by the conven­
tional Brodie method,1 and by a modified Brodie method 
suggested by Maire.7 After the final oxidation step for all

(1) B. C. Brodie, Trans. Royal Soc. (London), 149, 249 (1859).
(2) H. L. Riley, Fuel, 24 , 43 (1954).
(3) H. Thiele, Kolloid-Z., 80, 1 (1937); 115, 167 (1949); 116, 1 

(1950); 117, 144 (1950).
(4) U. Hoffman and E. Konig, Z. anorg. u. allgem. Chem., 234, 311 

(1937).
(5) J. H. de Boer and A. B. C. van Doom, Proc. Koninkl. Ned. Alcad. 

Wetenschap., 61B, 242 (1958).
(6) W. H. Slabaugh and Conrad Hatch, J. Chem. Eng. Bala, 5, 453 

(1960).
(7) J. Maire, Compt. rend., 232, 61 (1951). •

samples, the graphite oxide was electrodialyzed for approxi­
mately 48 hr. in a Mattson type cell. The electrode polarity 
was reversed periodically to prevent excessive accumulation 
of material on the cellophane membranes. The dialyzed 
products were freeze-dried and stored at ambient tempera­
tures in clear glass bottles. The compositions of the 
graphite oxides are given in Table I. .

T able  I
C omposition op G raphite Oxid e  

%C  % 0  %H %ash C :0  ratio
Conventional Brodie method (vacuum dried)

50.05 46.92 3.03 0.1 1.43:1
50.71 46.19 3.09 .1 1.46:1
51.71 45.70 3.13 .1 1.51:1
51.15 45.97 2.87 .1 1.48:1

Modified Brodie method (vacuum dried)
55.53 42.24 2.23 0.01 1.75:1
55.48 42.00 2.52 .01 1.76:1
In early experiments the basis of weight was graphite oxide 

vacuum dried for 24 hr. at less than 0.1 mm. pressure. How­
ever, this basis was subject to error although the weight re­
mained constant after this period. Therefore, the graphite 
oxide was stored over a saturated Ca(N03)2 solution, the 
relative humidity of which was 51%. The moisture content 
of graphite oxide kept in this manner was approximately 
18-19%. This percentage in turn was based on samples 
oven-dried for 3 hr. at 160°. The temperature, 160°, was 
chosen as the standard drying temperature because differ­
ential thermal analysis8 revealed that graphite oxide appears 
to lose all of its adsorbed water between 115-130°, while 
complete decomposition does not occur below 200 ° . Further­
more, X-ray diffraction9 showed that the basal spacing 
reaches a minimum at approximately 140 to 150°. 
Finally, pryrolysis10 of graphite oxide had shown a definite 
break in the loss of weight when graphite oxide was heated 
to 150-160°. Little difference appeared between the struc­
ture and composition of vacuum-dried and oven-dried 
graphite oxide. This was demonstrated by infrared analysis 
in the present study and by C and H determinations.

The graphite oxide salts were prepared by batch ion-ex­
change of the graphite oxide prepared above, using 10% salt 
solutions. The concentrations in meq. of metal ions per g. 
of the graphite salts were 2.00, 1.61, 1.09, and 0.83 for the 
Li, Na, K, and Rb salts, respectively.

Adsorption.—-The NH3 adsorption isotherms were deter­
mined gravimetrically with quartz helixes maintained at con­
stant temperature. Changes in weight of a 0.3000-g. sample 
could be detected with an accuracy of ±0.02 mg. Samples 
were thermostated during the adsorption measurements to 
±0.2°.

Weighed samples of graphite oxide were suspended from 
the helixes and evacuated slowly for 24 hr. Then the pres­
sure was lowered to 0.1 ¡i or less, and outgassing was con­
tinued for two more days at room temperature before meas­
urements were taken. The samples then were brought to the 
desired temperature, and appropriate increments of NH,

(8) C. V. Hatch, Ph.D. thesis, Oregon State College, 1960.
(9) J. Cano-Ruiz and D. M. C. MacEwan, Tercera Reunion Inter­

nacional Sobre Reactivadad De Los Solidos, April, 227 (1956).
(10) E. Matuyama, J. Phys. Chem., 58, 215 (1954).
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T able  II
A dsorption B ehavior  of G raphite Oxid es  and Salts w ith  NH3

Graphite oxides at —36°
(Conventional Brodie samples) Li Na K Rb

lFm-B.E.T. (mg./g.) 164 170 175 167 142 143 144 144
(meq./g.) 9.7 10.0 10.3 9.8

Area (m.2/g.) 750 778 799 764 049 657 658 658
Residual NH3 after desorption at 25°

mg./g. 42.3 42.8 34.6 35.1 47.9 33.8 31.4
meq./g. 2.49 2.52 2.04 2.06 2.82 1.98 1.85

Residual NH3 after desorption at 70°
mg./g. 21.7 13.4 13.8 42.8 27.4 25.0
meq./g. . . 1.28 0.79 0.81 2 52 1.61 1.47

were added. Equilibrium was obtained in 2 to 10 hr. de­
pending on the sample, temperature, and pressure.

Infrared Absorption.—Infrared absorption spectra of 
graphite oxide were obtained by the pressed KBr pellet 
technique with a Perkin-Elmer Model 21 double beam in­
strument. Both LiF and NaCl prisms covering the range 
from 4,000 to 2,000 cm .'1 were employed, but the difference 
in the spectra from these two prisms was negligible in this 
region. Only the NaCl prism was used in the 2,000-650 
cm.-1 region. Samples also were examined by Lippincott11 
by means of a diamond cell in a Model IR4 Beckman spec­
trophotometer with a NaCl prism.

X-Ray Diffraction.—X-Ray diffraction studies were made 
on graphite oxide with NH3 adsorbed at room temperature. 
Other temperatures were not used because the proper equip­
ment was not available to maintain the sample at constant 
temperature while making the X-ray analysis. The X-ray 
diffraction samples were mounted in Plexiglas sample holders 
and were protected with a covering of 0.012-mm. polyeth­
ylene film. The sample holders were placed in glass tubes 
which were attached to the vacuum system. The tubes 
could be readily sealed off from the system at appropriate 
pressures. A minute hole in the Plexiglas holder allowed 
NHj to reach the sample, and this hole then was sealed with 
a silicone grease immediately after the glass tube was broken 
in an inert atmosphere. Within a few minutes the X-ray 
diffraction measurement was made.

Discussion of Experimental Results
Adsorption.—NH3 adsorption isotherms were ob­

tained for graphite oxide at —45, —35, and —25° 
for the conventional Brodie samples. The iso­
therms for the four samples were almost identical 
in shape, although their vertical displacement 
varied over a range of 6%. Relatively little dif­
ference was noticed between isotherms at — 35 and 
— 25°. Because of their similarities only the iso­
therms for the fourth sample are shown in Fig. 1 
for —45 and —35°. An isotherm of a modified 
Brodie sample at —35° also is shown in Fig. 1, 
demonstrating the similarity of NH3 isotherms for 
graphite oxide made by the conventional and the 
modified Brodie methods.

From B.E.T. plots which were regularly linear 
up to P/Po of 0.25, the surface areas were calculated 
on the basis of an area of 12.9 A.2 for the NH3 mole­
cule. The areas shown in Table II are much higher 
than the 358 m.2/g. observed by de Boer and van 
Doom6 for the adsorption of water vapor, de Boer 
and van Doom calculated a theoretical area for 
both sides of the laminar platelets of graphite oxide 
of 1477 m.2/g. If the experimental area of 773 
m.2/g. found in this study is the result of adsorp­
tion of a single layer of NH3 molecules between 
each pair of platelets plus their outer edges, then 
the area of 773 m.2/g. is equal to one-half of the 1477 
m.2/g. plus the area of the edges of the platelets.

(11) E. R. Lippincott, F. E. Welsh, and C. F. Weir, Anal. Chem., 
33, 137 (1961).

Fig. 1.—Adsorption isotherms of NHS on graphite oxide 
made by conventional Brodie method and modified Brodie 
method.

This leaves 70 mg.2/g. attributed to the areas of the 
outer edges of the platelets.

The break in the isotherms (point B) appears at 
approximately 175-180 mg./g. of NH3, compared 
to an average of 169 mg./g. for W m, which is cal­
culated from the B.E.T. equation. The average 
amount of NH3, 9.95 ir.eq./g., corresponds fairly 
closely to the value of 11.0 meq./g. obtained by 
Clauss, et al.,12 for the exchangeable hydrogen. 
This factor is an indication that initial adsorption is 
influenced primarily by the acidic sites on the 
graphite oxide.

The NH3 isotherms o: graphite oxide salts (Li, 
Na, K, and Rb) gave B.E.T. surface areas as shown 
in Table II. These areas are lower than those for 
graphite oxide itself, probably because the metal 
ions are larger than hydrogen and they occupy 
more space on the laminar surface. In addition the 
possibility remains that the metal ions restrict the 
expansion of the lamina: crystals, as compared to

(12) A. Clauss, A. Plars, H P. Boehm, and U. Hoffmann, 2 . anorg.
u. allgem. Chem., 291, 205 (1957).
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Wavelength, (p)

Fig. 2.—Infrared absorption of graphite oxide.

the extent that they expand when hydrogen ions 
are present.

All of the ammonia could not be desorbed from 
graphite oxides and their salts even after outgassing 
for six days at less than 1 n pressure. The weights 
of NHa remaining are shown in Table II. These 
values were lowered, as also shown in the table, by 
heating the samples to 70°.

On the basis of incomplete outgassing in adsorp­
tion systems the exchange capacity or number of 
acidic sites can be assessed For example, Zettle- 
moyer, et al.,n noticed this phenomenon on the 
outgassing of NH3 from stearic and succinic acids, 
and Cornet14 in his studies with NH3 on Montmoril- 
lonite clays found, while outgassing hydrogen ben­
tonite, that the residual NPI3 corresponded to the 
ion-exchange capacity of the clay. If this were the 
case, then the number of readily exchangeable hy­
drogen ions in graphite oxide would be between 2.0 
to 2.5 meq./g., as determined from the data on 
residual NH3 given in Table II.

Infrared Absorption.—The infrared absorption 
spectrum of graphite oxide is characterized by a 
relatively broad band in the 3300-3500 cm. 1 region 
when the graphite oxide contains adsorbed water. 
The shoulder develops into a well defined peak as 
the water content increases. This peak is clearly 
the result of the O-H stretching motion of the 
water molecule. In the present case the band in 
this region retains some semblance of a shoulder, 
even for samples dried at 160° for 3 hr. or dried 
under pressure of less than 0.1 Enough mois­
ture may possibly have been adsorbed from the 
atmosphere to show some traces of water. Hadzi and 
Novak14a did not describe their method of treating 
the sample after drying, so one does not know if the 
samples wrere run in an inert or a dry atmosphere.

A wrell defined shoulder also appears at 3250 cm.-1 
for graphite oxide with adsorbed NH3 (Fig. 2b) at 
room temperature. This peak was intensified con­
siderably by cooling the sample to liquid air tem­
perature and using a LiF prism. The assignment 
of this band may be made to the hydrogen stretch­
ing motion (N-H) from either the NH4+ or the

(13) A. C. Zettlemoyer, J. J. Chessick, and A. Chand, J. Phys. 
Chem., 59, 375 (1955).

(14) I. Cornet, J. Chem. Phys., 11, 217 (1943).
(14a) D. Hadzi and A. Novak, Trans. Faraday Soc., 51, 1614 

(1955).
(15) J. E. Mapes and R. P. Eischens, J. Phys. Chem., 58, 1059 

(1954).

NH3 itself.15 This band is too diffused to distin­
guish between any particular bands.

The spectrum obtained from vacuum-dried graph­
ite oxide compressed between diamond crystals 
shows a relatively sharp peak at 3530 cm.“1. This 
peak was shifted to a lower frequency, 3250 cm.-1, 
upon the adsorption of NH3. The shift may be 
caused by hydrogen bonding of NH3 with a hy­
droxyl group. The band at this frequency is a 
little broader, which may mean that it is a combina­
tion of two peaks, although the intensity is approxi­
mately the same.

The small band at 1720 cm.-1 may be assigned 
to free carboxylic carbonyl groups. The adsorption 
of NH3 either destroys this band or shifts it to a 
region already masked by another band, such as 
the region near 1610 or 1375 cm.-1. A band shift is 
more probable because of the formation of an am­
monium salt. Strangely, this band and the one at 
1610 cm.-1 do not appear in the spectrum obtained 
from graphite oxide in the diamond cell. The high 
pressures used in compressing the sample between 
the diamond crystals may be sufficient to destroy 
these groups. For example, graphite oxide will 
decompose when ground in a mortar and pestle.16

The sharp band at 1610 cm.-1 is present in every 
spectrum obtained from graphite oxide using the 
pressed salt technique. This peak seemed un­
affected by the adsorption of H20 or NH3. How­
ever, Hadzi and Novak found this peak only in 
moist graphite oxide. In this work, the peak seemed 
just as intense with graphite oxide dried for 3 hr. 
at 160° as with wet graphite oxide. As mentioned 
above, a trace of moisture possibly was adsorbed 
from the atmosphere to give a peak in this region, 
although this peak did not increase in intensity with 
increased water content. The spectrum obtained 
from the oxide compressed between diamonds 
showed a peak in this region only with adsorbed 
NH3. This particular band may be assigned to the 
unsymmetrical bending vibration of NH3.

Hadzi and Novak assigned the band at approxi­
mately 1400 cm.-1 to the deformation of the O-H 
groups. The band, intensified with adsorbed 
water, meets this theory. This peak also is intensi­
fied to a larger degree wdth adsorbed NH3. Ac­
cording to Pliskin and Eischens,17 a band appears in 
the 1400 cm.-1 region due to the N-H bending vi­
bration of the NH4+, which has exchanged with the 
potassium ion in the KBr pellet. This postulation 
is, however, unlikely in the present case because the 
KBr and graphite oxide were mixed after adsorption 
took place. Also, this band shows an increase of 
intensity in the spectrum obtained with the dia­
mond cell. Therefore, this band can be attributed 
to the formation of NH4+ ions in the graphite oxide.

The other bands at lower frequency were not 
changed by the adsorption of NH3. These bands 
were somewhat intensified when obtained from the 
diamond cell and also when the spectrum was de­
termined in samples at liquid air temperature. 
One small band, 740 cm.-1, appears in Fig. 2a and 
2c and disappears in the spectrum in Fig. 2d.

(16) H. Thiele, Rolloid-Z., 80, 1 (1937).
(17) W. A. Pliskin and R. P. Eischens, .7. Phys. Chem., 59, 1156 

(1955).
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Adsorption in this region may be due to the skeletal 
vibrations of the solid lattice. The NH3 is between 
the graphite oxide platelets could change the 
nature of the lattice and influence its vibrational 
frequency, causing this band to shift.

X-Ray Diffraction.—The change in c-spacing of 
graphite oxide in relation to the weight of NH3 
adsorbed is shown in Fig. 3. The discrepancy 
between the two graphs reflects the effect of varia­
tions in preparation of the samples on the c- 
spacing. The difference in drying may have had 
some effect on the orientation of the atoms or 
groups of atoms in the graphite oxide, which 
could have changed the c-spacing.

The values shown in Fig. 3 with asterisks are the 
maximum possible weights of NH3 adsorbed by the 
particular samples in question and not necessarily 
the true weights adsorbed at the time the X-ray 
diffractions were made. The reason for this is that 
in order to adsorb quantities of NH3 above 180 
mg./g., the NH3 pressure had to be increased above 
one atmosphere. Therefore, some gas leakage from 
the sample holder during the time the X-rays were 
made was possible.

Three major breaks occur at 67, 122, and 175 
mg./g. of sample. The difference in c-spacing for 
the minor plateaus is 0.57 A. for sample 3b and 0.65 
A. for sample 3a. For the major plateaus the values 
are 1.19 and 1.22 A., respectively. These latter 
values may be considered as the distance the plate­
lets were expanded by a monolayer of NH3. The 
c-spacing for NH3-saturated graphite oxide always 
decreased on exposure to the atmosphere to a con­
stant value of 7.37 A. for sample 3a. Apparently, 
the graphite oxide expelled the excess XH3 until 
only a monolayer remained. This factor indicates 
that the force of attraction between the graphite 
oxide platelets and the NH3 monolayer is quite 
large, probably because of hydrogen bonding.

In every case the maximum intensity of X-ray 
diffraction was obtained at 175 mg./g. The relative 
intensities of X-ray diffraction were estimated from 
the heights of the tracings obtained for the c- 
spacing in the spectrometer, and these intensities 
for sample 3a are shown in Fig. 4. This figure 
shows both a maximum at the Wm value and a 
smaller maximum at 80 mg./g., which corresponds 
to the first plateau in Fig. 3. Significant conclu­
sions in this respect are that the maximum inten­
sity was obtained at 175 mg./g. (lFm), and am­
monia-free samples and samples with relatively 
little ammonia adsorbed on them always had the 
lowest intensity and were the most diffuse in a 
particular run. This change in intensity is attrib­
uted to a change in crystallinity in the sample. 
The low intensity of dried graphite oxide also may 
be the result of its warped structure as postulated 
by Ruess,18 whereotwo planes of carbon atoms ap­
proximately 0.5 A. apart cause interference and 
dimunition of the resultant intensity.

The stepwise X-ray curves also have been found 
in other systems, particularly in the studies of 
clays.14'19’20 However, these plateaus always were

(18) G. Ruess, Monatsh. Chem., 76, $81 (1947).
(19) A. C. Zettlemoyer, G. J. Young, and J. J. Chessick, J. Phys. 

Chsm., 59, 962 (1955).
(20) J. W. Jordan, ibid., 53, 294 (1949).

mg NH3 odsorbed per g Graphite Oxide

Fig. 3.—X-Ray diffraction c-spacings in the adsorption of 
NH3 hy graphite oxide.

mg NH3 ocfcorbed per 
g Graphite Oxirte

Fig. 4.—Relative intensity of X-ray diffraction for graphite 
oxide with adsorbed NH3.

attributed to the respecti ve formation of layers of 
adsorbate between adsorbent platelets. In the 
present case only the higher plateau, starting at 
122 mg./g. of graphite oxide, may be considered as 
corresponding to a single layer formation; the 
lower plateau is caused by another phenomenon 
proposed later in this discussion, de Boer and van 
Doom5 in their X-ray diffraction studies of graphite 
oxide with adsorbed water found very little change 
in the c-spacing until thi sample contained over 
16.2% water (162 meq./g.). oIf one compares the 
calculated area of XH3 (12.9 A.) with that of water 
(10.8 A.), the 162 meq./g, would roughly compare 
with the 122 meq./g. in F:g. 3, where the plateau in 
the c-spacing begins, de Boer and van Doom 
found that the c-spacing had expanded to at least
6.8 A. However, these investigators claimed that 
this expansion was insufficient to account for all the 
adsorbed water. This indicates that an adsorbed 
molecule such as water or ammonia may fit into the 
graphite oxide lattice without much effect on the 
c-spacing.

According to Cano-Ru z and MacEwan in their
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Fig. 5.—Isosteric heats of adsorption on graphite oxide 
calculated from adjacent isobars. Curve a is based on the 
two isobars at 1.34 and 4.95 cm., curve b is based on the two 
isobars at 4.95 and 10.15 cm., etc.

. mg NH3 adsorbed per g Graphite Oxide

Fig. 6.—Calorirr.etrically determined heats of absorption of 
ammonia on graphite oxide at 0°.

review of the model of graphite oxide proposed by 
Ruess18 the carbon atoms in a tetrahedral “chair” 
configuration form two layers with a perpendicular 
separation of 0.5 A.; the oxygen atom in the ether 
linkages extends out from the center of the plane
2.4 A., and the O-H groups extend 3.05 A. from the 
center of the plane. Consequently, the latter 
group would cause the graphite oxide layers to ex­
pand to 6.1 instead of 3.4 A. for the original graph­
ite. Now, if one assumes that the effective van 
der Waals radius of the carbon atom in graphite 
oxide is the same as it is in graphite, its effective 
radius is 1.71 A. Thus, the free space betewen 
carbono layers in graphite oxide is 6.1 minus 3.4, 
or 2.7 A.

The van der Waals diameter of nitrogen is 3.0 
A., which could be quite close to the effective di­
ameter of NH3. This assumption may be considered 
valid if one considers NH3 analogous to water. In 
the clay systems referred to above the effective di­
ameter of water is approximately 2.6 to 2.8 A. This 
agrees quite well with 2.8 A., which is the van der 
Waals diameter of oxygen and which should be 
similar- in effect to the nitrogen in NH3.

The difference between the diameter̂ of NH3 and 
the free space is approximately 0.3 A.; the dif­
ference between 6.10 and 6.65 A. for the first plateau

is 0.55 A., which is in good agreement, considering 
the assumptions that were made. This means that 
up to the first plateau, NH3 was admitted to the 
system with little expansion of the c-spacing. This 
also explains the small expansion of the c-spacing 
found by de Boer and van Doom. If the oxygen 
from the ether linkageo extends from the center of 
the carbon plane 2.4 A., then any NH3 molecule 
between the oxygen and the next carbon plane 
should expand the c-spacingoto 7.1 A. This cor­
responds closely to the 7.25 A. found at the second 
plateau. This information suggests that the initial 
adsorption of NH3 is in the open spaces surrounding 
the oxygen and the O-H groups, while the next addi­
tion is between the ether groups and the carbon 
planes. If the 162 mg./g. of water found by de Boer 
and van Doom is a true value for W m, and if the 
122 mg./g. of NH3 at the start of the plateau is a 
comparable value for Wm, then the difference be­
tween the H20 monolayer and the NH3 monolayer 
would be the area covered by the ether linkage 
between the platelets. The difference between the 
areas for NH3 at 122 mg./g. and at 175 mg./g. of 
graphite oxide is 245 m.2/g. The difference be­
tween the area found from NH3 isotherms and that 
found from water isotherms is approximately 190 
m.2/g., which is in only fair agreement wnth the 
other difference.

Heats of Adsorption.—Adsorption isobars were 
made experimentally in order to calculate the iso­
steric heats of adsorption. Calculation of these 
heats is possible from the isotherms, although to 
determine them very accurately in the region at 
point B is difficult because the isotherms are quite 
close together. The isosteric heats of adsorption, 
\, wTere calculated from these isobars by means of 
the Clausius-Clapeyron equation

log£  = d h (1/7W/ri)
Some controversy exists on the validity of the 

use of this equation on non-reversible systems, such 
as the graphite oxide-NH3 system. Therefore, 
even though these values are only apparent iso­
steric heats, at least a qualitative representation of 
the energy associated with the adsorption process is 
indicated by them.

The calculated isosteric heats are shown in Fig. 
5, and Fig. 6 gives the direct calorimetrically 
measured heats of adsorption measured by a method 
after Beebe.21 The accumulation of errors inherent 
in the latter method produces a considerable 
amount of scatter in the data, but these two 
methods of measurement are consistent with each 
other to the extent that, along with the X-ray 
data, a mechanism of adsorption may be postulated.

Contrary to what generally is found, these data 
do not correspond with the usual trend of heats of 
adsorption. Instead they show almost no heat of 
adsorption beyond the heat of liquefaction of NH3 
at low coverage. This is attributed to the prying 
apart of the platelets, which is an endothermic 
process. Subsequently, adsorption takes place 
with increasing ease, and less energy is used up in

(21) R. A. Beebe, B. Millard, and J. Cynarski, J. Am. Chem. Soc.f
75, 839 (1953).
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mechanically prying the layers apart. The fluctua­
tions in heat of adsorption, though reproducibly 
measured, are probably the result of several factors 
whose combined effect produces a complex mech­
anism. It seems clear that at the W m region, 
complete saturation of the active sites has occurred, 
the platelets now are separated, and the heat of 
adsorption becomes a maximum. In this region 
other factors must be considered, such as condensa­
tion of the adsorbed NH3 as the result of lateral in­
teraction of NH3 molecules in the completed mono­

layer and the formation of additional layers. This 
step would involve considerable energy because of 
the probability of hydrogen bonding between the 
NH3 molecules and the active sites on the two 
adjacent platelets.
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mitted in partial i fulfillment of requirements for 
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m Specific rate constants have been measured for the reaction of nitric oxide with nitrosocyclohexane monomer and for the 
dimerization of nitrosocyclohexane monomer. The implications of these reactions for nitric oxide scavenging reactions are 
discussed.

Introduction
Nitric oxide long has been used to suppress free 

radical reactions and leave undisturbed the so- 
called molecular processes in various thermal and 
radiation reactions.1'2 3 4 5 Some attempts also have 
been made to use nitric oxide as a free radical trap 
to characterize the products of these reactions as an 
aid in the kinetic analysis of such reactions.3-5 
The expected primary product is the nitroso com­
pound of the radical in question.

On the other hand, Donaruma and Carmody6 
have shown that in the chemical reaction of nitro­
socyclohexane and nitric oxide the major products 
are cyclohexyl nitrate and nitrocyclohexane in the 
ratio of about 3:1 at moderate temperatures. It 
thus is apparent that the expected nitroso product 
can be at least partially consumed in further reac­
tions.

It is, therefore, of interest to determine whether 
nitrosocyclohexane monomer is formed in the 
radiation reaction of cyclohexane and nitric oxide7 
and, if it is, to measure the specific rate constants of 
the further reactions of nitrosocyclohexane mono­
mer.

Experimental
Chemicals.—The following chemicals were used without 

further purification: Eastman spectro grade cyclohexane, 
Matheson nitric oxide (99% min. purity), Linde argon 
(99.995% min.), Aldrich Chemical Company cyclohexanone 
oxime, and Matheson chlorine.

1-Chloronitrosocyclohexane was prepared8 in  situ by
(1) J. Jaeh, F. J. Stubbs, and C. Hinshelwood, P roc. R oy. Soc. 

(London), 2 2 4 A , 283 (1954).
(2) IC. Yang, J. P h ys. Chem., 65, 42 (1961).
(3) W . A. Bryce and K. U. Ingold, J . Chem. P h ys., 23, 1968 (1955).
(4) J. G. Calvert, S. S. Thomas, and P. L, Hanst, J. Am . Chem. S oc., 

82, 1 (1960).
(5) A. Henglein, Intern . J. A p p l. Radiation and Isotopes, 8, 149 

(1960).
(6) L .  G. Donaruma and D . J .  Carmody, J . Org. Chem., 22 , 635 

(1957).
(7) E. Muller and G. Schmid, Chem. Ber., 94 , 1364 (1961), have 

just reported the radiation-synthesis of nitrosocyclohexane dimer.
(8) N. V. Sidgwick, “ The Organic Chemistry of N itrogen," Oxford

Univ. Press, 1937, p. 207.

bubbling chlorine gas through a dilute solution of cyclo-
|/ N = N 0H

hexanone oxime in cyclopeatane at —80°: S

+  CL —»- j S j +  HC1. The blue solution, characteris- 
. f \ /

tic of monomeric nitroso compounds, showed an infrared ab­
sorption at 6.34 p attributed to the monomeric nitroso group.9 
This infrared band disappeared rapidly on subsequent reac­
tion with nitric oxide at —80° and a new band appeared at
6.0 p which was attributed tm 1-chlorocyclohexyl nitrate.

Lineac Irradiations.—A Varian Linear Accelerator 
(Lineac) delivers high-intensity bursts of 6-Mev. electrons in
5-Msec, pulses. An optical system, placed at right angles to 
the electron beam entering the cell, detects the absorption of 
7000 A. light due to the presence of the transient nitroso­
cyclohexane monomer formed in the cyclohexane-nitric 
oxide solution by the electron pulse. The absorption as a 
function of time is presented as an oscilloscope trace. Elec­
trons enter the side of the 1.4-ml. sample cell through a 
0.005-in. metal window. The “ Spectrosil”  fused silica 
windows (available from Tfermal American Fused Quartz 
Company, Dover, New Jersey) used in the cell show no 
transient or permanent absorption due to electron or X-ray 
irradiation at the intensities used here. For further details 
see reference 10.

Infrared Analysis.—Irraciated samples typically were 
evaporated down to about i /50th of the initial volume by 
bubbling argon through the samples. The samples then 
were analyzed on a Perkin-Elmer Model 137 infrared spec­
trometer.

Extinction Coefficient of Nitrosocyclohexane Monomer.—
A 0.02 M  solution of nitrosocyclohexane in decane in a 0.10- 
mm. quartz cell was heated in a Primol D oil-bath in the 
Cary Model 14M spectrophotometer. The optical density 
at 2900 A. was measured as a function of temperature.

O D  = log 10 / 1  = ecd

As the temperature increases more dimer molecules dissociate 
reversibly to form monomer molecules. The optical density 
is then a measure of the fraction of dimer dissociated at any 
temperature.

The same nitrosocyclohexane solution was placed in a 
5.00-cm. quartz cell and the optical density at 7000 A. was

(9) W . Liittke, Z. Elektrochem , 61, 302 (1957).
(10) R. L. M cCarthy and A. MacLachlan, Trans. Faraday Soc., 56, 

1187 (1960).
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Fig. 1.—Schematic of the apparatus used for the stopped- 
flow measurement of transient optical absorption.

measured as a functiorqof temperature in the Cary. The 
optical density at 7000 A. is a measure of monomer concen­
tration since the dimer does not absorb at that wave length. 
The extinction coefficient of the monomer at 7000 A. was 
found to be 5.2 l./mole cm.

Dimerization of Nitrosocyclohexane.—A “ stopped-flow” 
apparatus was designed and built to measure the rate of 
dimerization of nitrosocyclohexane monomer. A solution 
of 0.2 M  nitrosocyclohexane dimer in decane was heated to 
130° (42% dissociated to monomer). The hot nitrosocyclo­
hexane solution was cooled rapidly in a few milliseconds by 
turbulent mixing with ten times its volume of cold octane. 
The dimerization reaction then proceeded at the resultant 
temperature.

The monomer concentration was measured as a function 
of time by its optical absorption at 7000 A. in the following 
manner (see Fig. 1). Light from a tungsten lamp, L, was 
focused on the observation cell window, W. A quartz plate, 
Q, transmitted part of the emergent beam to a Du Mont 
K1292 photomultiplier tube, PM2, with a Corning #2030 
filter, F3 (cuts off below 6500 A.), which detects the mono­
mer signal at 7000 A. Part of the beam was reflected to a 
Du Mont 6292 photomultiplier tube, PMh with a combi­
nation 5050 A. interference filter, Fi, and a Corning #3385 
filter, F2 (cuts off below 4700 A.). This signal is far enough 
removed from the 7000 A. monomer absorption and from 
the 2900 A. dimer absorption to serve as a reference signal. 
The signals were combined in a difference amplifier and pre­
sented on an oscilloscope which -was triggered by the fluid flow 
start (opening of solenoids, S.)

Results
The optical transient absorption at 7000 A., due 

to nitrosocyclohexane monomer formed from cyclo­
hexane and nitric oxide during a high-intensity 
pulse of 6-Mev. electrons from the Lineac, disap­
peared by further reaction with nitric oxide which 
was present in 10- to 100-fold excess. The reaction is 
first order in nitrosocyclohexane monomer. The 
half-period of reaction at 25° is 0.23 sec. for a nitric 
oxide saturated solution, i.e., 1.8 X 10~2 M .n 
For a nitric oxide concentration of 0.53 X 10 2 M  
the half-period of reaction for the monomer is 0.15 
sec. For a concentration of 0.18 X 10~~2 M  the 
half-period is about 0.22 sec., although here the 
noise present was becoming appreciable compared 
to signal. Subsequent infrared analysis of the sam­
ple showed organic nitrogen peaks only at 6.1 p 
(nitrate) and at 6.44 n (nitro).

(11) D. S. Tsiklis and G. M. Svetlova, Zhur. Fiz. Khim., 32, 1476
(1958).

The reaction of nitrosocyclohexane monomer (in 
the absence of nitric oxide) was determined to be 
second order in monomer by following the disap­
pearance of its 7000 A. absorption peak using the 
stopped-flow method. When the hot, partly dis­
sociated nitrosocyclohexane solution was cooled to 
70° by rapid mixing the second order specific reac­
tion rate constant for dimerization was 1.3 X 104 
1./mole-sec. The dimerization constant for the 
solution cooled to 46° was 0.56 X 104 1./mole-sec. 
The rate can be expressed as ki& = 10 X 109 X 
e -noo/R T  l./mole-sec. (see mechanism, Step 4).

The constant for the nitrosocyclohexane mono­
mer-dimer equilibrium was measured every two to 
three degrees from 79 to 129° and found to be

IW, = = 3.05 X 10ue-24'8WÆr mole/1.

The specific rate constant for dissociation of nitro­
socyclohexane dimer was calculated from the 
monomer dimerization specific rate constant and 
the monomer-dimer equilibrium constant

kih Af,] kin

Half-periods for dissociation have been calculated 
(¡iA)510 = 13.5 sec.
(¡1/ 2)7 0 ° = 0.84 sec.
(¡■/2)120° = 2.0 X 10~3 sec.

In addition, nitrosocyclohexane dimer was formed 
in significant quantity in the irradiation of cyclo­
hexane and nitric oxide by 2-Mev. electrons from a 
resonant transformer (see also Reference 7). The 
dimer was identified by its infrared absorption at
8.28 ii.

Conclusions and Interpretations
The following steps describe the reaction

X \  / \ .
1. I S I —---- >- I S I +  H-

\ /  \ /
/ \ / N°

] S +  N O - — S
V  \ /

A 7 * 0
S +  2 N O - Ï

\ X  19
N = 0j

/ \ / N  O N = 0  c -  / \ / / N = N — O N O r

| S l ----> s |
N / ' _ \ x

/ V
I S I -J- N2 H- N O3 •
\ /
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The predominant radical formed by the radia­
tion in Step 1 is the cyclohexyl radical. The e.p.r. 
spectrum of irradiated frozen cyclohexane indicates 
the presence of a single radical (less than ~  5% of a 
second species), and the splittings of the spectrum 
are consistent with the cyclohexyl structure.

The reaction of a cyclohexyl radical with nitric 
oxide (Step 2) has been assumed to be very rapid 
compared to Steps 3 and 4.

The qualitative observation that chloronitro- 
socyclohexane reacts rapidly at —80° with nitric 
oxide suggests a low activation energy process 
leading to the formation of nitrate. Chloronitro- 
so cyclohexane is known to be monomeric in solu­
tion.8

Nitrosocyclohexane, which exists as the dimer at 
room temperature, reacts very slowly with nitric 
oxide6 in a non-radiation reaction. In fact, it will 
be seen that only insofar as the nitrosocyclohexane 
dimer dissociates to monomer at higher tempera­
tures does it react with nitric oxide. Thus, mono­
meric nitrosocyclohexane reacts rapidly with nitric 
oxide whereas the dimer does not react noticeably.

The N-nitroso-N-alkyl-hydroxylamine nitrite in­
termediate in Step 3 has been postulated by Brown,12 
by Donaruma and Carmody,6 and by Batt and 
Gowenlock.13 The present study accepts this 
postulated intermediate and obtains a measure of 
its decay. In the transient measurements with the 
Lineac the half-period for disappearance of the 
nitrosocyclohexane monomer in the presence of 
nitric oxide was approximately constant even 
though the nitric oxide concentration was varied by 
a factor of ten. The nitric oxide was present in 
large excess compared to the monomer concentra­
tion, and if most of the monomer forms the unstable 
intermediate (Step 3a) the fraction of monomer en­
tering this equilibrium is relatively insensitive to 
nitric oxide concentration. The resulting low 
concentration of “free” monomer remaining to­
gether with the low optical extinction coefficient of 
the monomer substantiates the high amplification 
necessary to detect the transient nitroso absorp­
tion. Donaruma and Carmody6 find a similar non­
dependence on nitric oxide concentration in the 
thermal reaction of nitric oxide with nitrosocyclo­
hexane although different reasons are advanced to 
explain it.

The nitrosocyclohexane monomer was the species 
observed, but since it is believed to be in equilibrium 
with the unstable intermediate, its rate of disap­
pearance should be equal to that of the intermedi­
ate. Thus, the half-period of 0.2 sec. observed for 
disappearance of nitrosocyclohexane monomer is 
also the half-period for the breakup of the inter­
mediate. In other words, Step 3c is rate-controlling 
and the nitroso monomer feeds into the intermedi­
ate to maintain the rapidly attained equilibrium 
(Step 3a, 3b).

If one nitrosocyclohexane monomer molecule 
meets another the dimer is formed (Step 4). The 
rate of this reaction (in the absence of nitric oxide) 
was measured directly in a non-radiation reaction. 
Once the dimer has formed it is immune to attack

(12) J. F, Brown, J . A m . Chem. Soc., 79, 2480 (1957).
(13) L. Batt and B. G. Gowenlock, Trans. Faraday Soc., 56, 682 

(1960).

by nitric oxide unless the dimer dissociates again. 
If the dimer dissociates, :he reaction sequence of 
Step 3 becomes operative. It is interesting to note 
here that the nitroso dimerization reaction could 
not be studied under Lineac conditions in a way 
analogous to nitrate formation. At best one could 
form by a Lineac pulse cyclohexyl radicals in just 
the quantity required to react completely with 
nitric oxide molecules avadable (allowing for H- +  
NO reaction). Even so the nitrosocyclohexane 
monomer will intercept some of those radicals which 
otherwise would combine with each other. Nitric 
oxide reacts with monomer as in Step 3. Radicals 
also are known to react rapidly with other nitroso 
monomers14 to give dialkyl and trialkyl nitrogen 
compounds.

The half-period for simple dissociation of nitroso­
cyclohexane dimer (in the absence of nitric oxide) 
at 51° has been calculated to be 13.5 sec. Dona­
ruma and Carmody6 have found for the thermal 
reaction of nitric oxide mid nitrosocyclohexane a 
half-period for disappearance of nitrosocyclohex­
ane of 90 sec. at 51°. Their results are consistent 
with our measurements. The major factor in the 
disappearance of nitroso lyclohexane dimer is its 
rate of dissociation into monomer. The monomer 
then reacts rapidly whh nitric oxide as in Step 3. 
However, the cyclohexyl radical produced in Step 
3 may escape the liquid cage and react again with 
nitric oxide. The monomer so formed can either 
enter the monomer-dimer equilibrium or enter 
reaction Step 3 again. Tne “lifetime” of the mono­
mer, and therefore of the dimer, thus is prolonged. 
Donaruma and Carmody’s half-period value for the 
over-all reaction is expected to he somewhat larger 
than our half-period value for the simple dissocia­
tion of nitrosocyclohexane measured more directly. 
The agreement is considered satisfactory, particu­
larly in view of the very different methods of ob­
servation.

For high temperatures the half-period for dis­
sociation of the dimer is very short. The calculated 
value of 2 msec, at 120° :s in good agreement with 
our observations on the dissociation of nitrosocyclo­
hexane dimer. A solution of the dimer (no nitric 
oxide) was turbulently mixed with hot solvent 
in the stopped-flow apparatus. The resulting solu­
tion at 120° required some 5 msec, to reach the 
observation port, at which time the dissociation 
reaction was largely complete. Thus it became 
necessary to calculate the dissociation rate constant 
from the dimerization rate constant (obtained at 
lower temperatures) and the equilibrium constant.

Thus it is seen that litric oxide does indeed 
scavenge free radicals. It also is evident, however, 
that more than one nitric oxide molecule disappears 
per radical consumed whenever cyclohexyl nitrate 
is formed. Furthermore, stringent conditions are 
necessary in order to obtain only nitrosocyclohexane 
dimer by precluding formation of cyclohexyl nitrate. 
It also will be noted tha: some cyclohexyl radicals 
may escape from the solvmt cage when the N-nitro- 
so-N-eyclohexylhydroxylamine nitrite intermedi­
ate breaks up (Step 3). That some of these radicals

(14) R, N. Haszeldine and B. X. H. Mattinson, J. Chem. S oc., 1741 
(1947); B. Gingras and W. A. Waters, Chem. cfc Ind. (London), 615 
(1953).
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probably do escape primary "recombination,” i.e., 
nitrate formation, is evidenced by the fact that 
nitrocyclohexane is a significant product in a typical 
radiation reaction. The NOV radicals which escape 
concurrently with the cyclohexyl radicals react with 
nitric oxide to form nitrogen dioxide (Step 5). 
Nitrogen dioxide then combines with any cyclo­
hexyl radical to give the observed nitrocyclohexane 
(Step 6).

While cyclohexyl radicals in the liquid phase 
have been shown to undergo a well-defined set of

reactions with nitric oxide at moderate tempera­
tures, extreme care must be exercised in interpret­
ing the scavenging (or non-scavenging) action of 
nitric oxide.
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A series of substituted l,3,5-triaryl-2-pyrazolines has been shown to be a good wave length shifter in plastic scintillators. 
The importance of the aryl group in position 3 is shown by the fact that l,5-diphenyl-3-methyl-2-pyrazoline is not an effec­
tive wave length shifter. The 5-position, on the other hand, can be replaced by a methyl group without affecting its effi­
ciency as a wave length shifter. The substituent effects and their relationship to the excited state of the 2-pyrazoline nucleus 
are discussed.

Introduction
In the scintillation mechanism, radiation energy 

(a, /3, or 7) is absorbed by the plastic solvent, 
transferred first to the (fluor) solute and then to a 
secondary solute. The secondary solute functions 
as a wave length shifter since it emits the energy as 
fluorescent light at a wave length which corre­
sponds to the wave length of maximum sensitivity 
of the photomultiplier tube. These processes can 
be pictured briefly as

F W
(From a, 0, or y )  E> +  S — ■> S *---->- F* +  S ---->-

W* +  F +  S — > E e +  W +  F +  S (A)
where E „ is the energy absorbed, S, F, W, and E e 
are the plastic solvent, fluor, wave length shifter 
and energy emitted, respectively.

The present work reports the use of a series of
l,3,5-triaryl-2-pyrazolines as wave length shifters 
in plastic scintillators and the effect of substitution 
in 1, 3, 4, and 5-positions of the 2-pyrazoline ring 
on the wave length shifter efficiency.

Results
In previous publications,2 the effect of ring sub­

stitution on the efficiency of the aromatic solvent 
and fluor in plastic and liquid scintillators was 
shown to be related either to the inductive effect 
of the substituents or ionization potential.3 It 
was of interest to determine whether the wave 
length shifting efficiency of the 2-pyrazolines could 
be related to similar parameters. The 1,3,5- 
triaryl-2-pyrazolines with substituents in the 1, 3, 4,

(1) (a) This work was supported by the U. S. Atomic Energy Com­
mission under Contract No. AT-(30-l)-1931; (b) to whom inquiry 
concerning this article should be addressed.

(2) S. R. Sandler and S. Loshaek, J. Chem. Phys., 34, 439 (1961); 
34, 445 (1961).

(3) S. R. Sandler, P. J. McGonigal, and K. C. Tsou, J. Phys. Chem.. 
66, 166 (1962).

and 5-positions therefore were chosen as wave 
length shifters in polyvinyltoluene scintillation 
plastics. The results are presented in Tables I 
and II. In Table III some l,3,5-triaryl-2-pyrazo- 
lines were tested for their ability to act as fluors. 
The pulse heights in all cases are reported relative 
to an anthracene crystal of the same dimensions, 
using a Pa234 (3 source (0.01 me., 2.3 Mev.) for 
irradiation.

Fig. 1.—Relative pulse heights of polyvinyltoluene-3% 
p-terphenyl scintillators containing varying concentration of 
l,3,5-trisubstituted-2-pyrazolines as wave length shifters: 
A, l,3-diphenyl-5-methyl-2-pyrazoline; B, l,3,5-triphenyl-2- 
pyrazoline; C, l,5-diphenyl-3-p-methoxyphenyl-2-pyrazo- 
line.

It was found that 0.05% of the pyrazoline was 
sufficient to give the maximum pulse height. 
This is illustrated for l,5-diphenyl-3-p-methoxy- 
phenyl-2-pyrazoline, l,3,5-triplienyl-2-pyrazoline, 
and l,3-diphenyl-5-methyl-2-pyrazoline. The re­
sults are shown in Table IV and are plotted in Fig. 
1.
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T able  I
R e l a t i v e  P u l s e  H e i g h t  of P o l y v i n y l t o l u e n e  S c i n t i l l a t o r s  C o n t a i n i n g  3 %  p - T e r p h e n ^ l  a n d  0 . 0 5 %  2 - P y r a z o l i n e s

r 4—ch—c—r 3

r 6—¿ h  nr 6—c h  n

V e ,
Rt R.3 r4 Rfi R.P.H. ± 2

C6H6 c h 3 H c 6h 6 2 2
c 6h 5 c 6h 5 H c h 3 51
c 6h 5 c 6h 5 H c ,h , 49
p-c h 3- c 6h 4 c 6h 5 H C.3, 51
c 6h 5 p-CH30-C 6H4 H Ce Js 50
c 6h 5 p-Cl-C6H4 H C6Hb 52
c 6h 6 p-CHs-CelL H c 6h 5 51
c 6h 5 p-( CHî=CH  )-C6H4 H C6Hb 41
c 6h 6 c6h 5 p-C6H6-CH 2NH-C6H4 c a * 52
CeHs C6H5 c h 3- n h - CeHs° 52
C«H5 p-CH3-C 6H4 H p-(CE3 )2N-C6H6 51
c 6h 5 P-CH3-CJI4 C6H6-CH2-NH c 6h 5- 51
CrH5 QHr, H p-( CEs Isr-N-CeH, 45

“ These compounds were obtained through the courtesy of Prof. N. H. Cromwell of the Uaiversity of Nebraska and are 
described in J . A m . Chem. Soc., 71, 716 (1949); 73, 1044 (1951). b R.P.H. is the relative pulse height and it is measured in 
per cent, when compared with an anthracene crystal of the same dimensions as 100.

T a b l e  II
R e l a t i v e  P u l s e  H e i g h t  of P o l y v i n y l t o l u e n e  S c i n t i l ­

l a t o r s  C o n t a i n i n g  1 %  p - T e r p h e n y l  a n d  S u b s t i t u t e d  

1 , 3 , 5 - T r i a r y l - 2 - p y r a z o l i n e s

CH2—C—R3
R5—CH N

\  /
N1
R.

R.P.H.
Ri R3 Rs % ± 2

c6h6 c6h 6 CeHs 0.10 38
c6h6 c6h 6 CcHb .25 42
c 6h6 c6h 6 p-CHsCONH-CeH,“ .10 39
c6h 6 c6h 6 p-CH.,CONH-C6H4“ .25 37
c6h 5 c 6h 6 p-HO-C6H4“ .10 36
c6h 6 c6h 5 p-HO-C6H4“ .25 34
c6h 6 c6h 5 p-CH3OC6H4“ .10 41
c 6h 5 CsHb p-CH3-0-C6H4“ .25 40
c 6h 6 c6h 5 p-C6H5-C6H4a .10 41
c 6h 6 c6h 6 p-C6H5-C6H4“ .25 37
Cells p-c h 3o- c6h4 c6h 6 .10 36
c6h 6 p-c h 3o- c6h4 Crib, .25 42
c6h 5 p-c h 3o- c 6h4 p-CH3OC6H4“ .10 41
C,Hb P-CTLO-CJL p-c h 3o -c6h 4° .25 40
c 6h 6 p-C6H5-C 6H4 2-Naphthyl“ .50 35
C6Hs p-c6h 5- c6h4 p-CH30-C6H4“ .50 39

<* These compounds were obtained through the courtesy of
Drs. R. H. Wiley and C. H. Jarboe of the University of 
Louisville.

The ultraviolet and infrared absorption data 
that were used to characterize the substituted 2- 
pyrazolines prepared in this study are shown in 
Table V.

For comparison some 1,3,5-triarylpyrazoles were 
tested for their efficiency as wave length shifters 
in polyvinyltoluene. The effect of another double 
bond in the pyrazoline ring can be seen in Table VI.

Discussion
From the results obtained in this work a large 

number of 1,3,5-triaryl- and l,3-diaryl-2-pyrazo-

T ab ls  III
R elative  P ulse H eight of Polyvin ylto luen e  Scintil­
l a t o r s  C ontaining  Substituted  1 , 3 , 5 - T r i a r y l - 2 - p y r a z -  

o lines as F l u o r s  

C H 2— C— r 3

N—R3
Rs r3 Rb

R.% 0 . 1
P.H. ± 2  

0.5
c 6h 6 c 6h 5 c 6h 5 2 0 30
c 6h 6 c ,h 6 p-h o - c 6h 4 16 24
c 6h 5 C6H5 P-CHO-C.H, 2 0 26
c 6h 6 C6Hb p-C6H6-C 6H4“ 14 26
c 6h 5 p-c h 3o- c 6h 4 c 6h 5 15 31
c 6h 5 p-c h 3o- c 6h 4 p-c h .o- c»h 4 18 27
c 6h 5 p-c 6h 5- c6h 4 2-Naphthyl“ 15 27
CsHb p-c 6h 5- c 6h 4 p-CH 0-C 6H4“ 27 30

0 See footnote a, Table II.

T able  IV
R e l a t i v e  P u l s e  H e i g h t s  o f  P o l y v i n y l t o l u e n e - 3 %  p - 
T e r p h e n y l  S c i n t i l l a t o r s  C o n t a i n i n g  V a r y i n g  C o n ­

c e n t r a t i o n s  of 1 , 3 , 5 - T r i s u b s t i t u t e d - 2 - p y r a z o l i n e s  a s  

W ave  L e n g t h  S h i f t e r

%
1,3,5-Triphenyl- 

2-pyrazoline

R.P.H. ± 2  
1,5-Diphenyl-3- 

p-tolyl-2- 
pyraz oline

1,3-Diphenyl-
5-methyl-2-
pyrazoiine

0 35 3 5 3 5

0 . 0 2 39 3 4

. 0 3 4 9

. 0 5 4 9 5 0 5 1

. 1 0 47 5 2

. 2 0 5 2

. 2 5 4 2 3 8

. 5 0 4 1

lines can be used as efficient wave length shifters 
in plastic scintillators.4 In some cases these 
pyrazolines are more efficient than POPOP, a con­
ventional wave length shifter. The 2-pyrazoline 
ring was substituted au all available positions 
(1,3,4, and 5) with substituents that differed greatly
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in electronegativity. From Tables I and 
II it is seen that substituents on the aryl 
group at the 1, 3, and 5-positions and sub­
stituents at the 4-position have no signifi­
cant effect on the efficiency compared to 
l,3,5-triphenyl-2-pyrazoline. It is signifi­
cant to note, however, that when a methyl 
group replaces a phenyl group at position 
3 the system loses its ability to act as a 
wave length shifter. Furthermore, when 
a methyl group replaces the phenyl group 
at positions of l,3,5-triphenyl-2-pyrazoline 
the efficiency is not altered. These results 
lead to the conclusion that the Ar—C =  
N— N group is important in the pyrazoline 
ring in order to provide a system capable 
of acting as a wave length shifter. The 
latter group cannot be effective as a wave 
length shifter in an acyclic form as in benzo- 
phenone phenylhydrazone or benzal-phen- 
ylhydrazone since the hydrazones are 
fluorescent quenchers.6

On the basis of these results a possible ex­
cited state for l,3,5-triphenyl-2-pyrazoline 
is as follows (W* in equation A)

C6H6—1\ N/
c«h6
I

—jj—(AH»
N +  hvi

✓ c 6h5-

N5C6H5-A /J/■N/
I
C6H5

hv.

la

C6H:

-vC6H5
N

(B )
I

CeH5
I

It was suggested by one of the referees 
of our paper that it is probably the 
Ar—C = N — N < group that is the essential 
chromophore for the 358 m,u absorption. 
This group can resonate thus

(4) While this paper was in preparation, there ap­
peared similar work on the use of l,3,5-triphenyl-2-pyrazo- 
lines as efficient wave length shifters in plastic scintillators.5

(5) (a) E. A. Andreeshchev, E. E. Baroni, K, A. Kov 
yrzina, I. M. Rozman, and V. M. Shonya, Izvest. Akad. 
Nauk. S.S.S.R■ Series Fiz., 1, 67 (1958); (b) I. M. Rozman 
and S. F. Kilin, Soviet Physic Uspekhi, 2, 856 (1960); (c) 
E. E. Baroni, K. A. Kovyrzina, I. M. Rozman, E. E. An­
dreeshchev, and V. M. Shonya, Zhur. Phys. Chim., 34, 665 
(1960).

(6) Benzophenone phenylhydrazone and benzal phenyl­
hydrazone give a R.P.H. of 6 and 7, respectively, when 
used at 0.05% in poly vinyl toluene with 3% p-terphenyl 
as fluor.
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T a b l e  VI
R e l a t iv e  P u l s e  H e ig h t s  o f  P o l y v in y l t o l ii e n e  S c in t il ­
l a t o r s  C o n t a in in g  S u b s t it u t e d  P y r a z o l e s  ( 0 .0 5 % )  a s  

W a v e  L e n g t h  S h if t e r s '1 
H—C-----C -R,

\  /  
N—R,

R. Rj Rô R.P.H. ± 2
c6h 5 c6h 5 c6h 5 21
c „h 6 p-C6Hr-CeH4 c 6h 5 34
c6h 5 p-CH3-C6H4 c6h 5 29
° These scintillators contain 3% PTP. The pyrazoles

were generously provided by Prof. 
University of Nebraska.

NT. H. Cromwell of the

and this chromophore is consistent with absorption 
at a wave length as long as 358 m/i. This also was 
proposed by Neunhoeffer, et al? We believe that 
lb does contribute to the absorption process but in 
order for the emission process to take place la is 
sufficient. This is supported by the fact that the
3-methyl derivative does fluoresce in the greenish- 
yellow region. A detailed fluorescence spectra study 
is currently in progress to further clarify this phase 
of the mechanism.

Introducing another double bond at positions 4 
and 5 in the pyrazoline ring and thereby converting 
it to a pyrazole reduces greatly the wave length 
shifter property of the l,3,5-triaryl-2-pyrazolines 
(see Table VI). This fact probably can be ex­
plained by the ease of energy transfer of the excited 
state Ha to lib or lie because of the overlap of the 
7r orbital with the p orbital of the nitrogen at posi­
tion 1. The excited state Ha is similar to la and 
for that reason it is probably the most important 
one contributing to the wave length shifting prop­
erty of pyrazoles.

/Cells

C 6H 5- l| N 
\ n /

I
c 6h 5

II

hv i

IX -f- hv2

C6H5—!

5+ y-CeEU
IN5-

c 6h 5
Ha

V (Mb'

c 6h 5- J N
\ n /
5%

C ells
l i b

+  hv3

II “h hv^
-C6H6

c 6h5 N
\ N/

|s+
C6Hs
lie

hv 4

(7) O. Neunhoeffer, G. Allsdorf, and H. Ulrich, Ber., 92, 252
(1959).

Thus part of the energy hv% and hvt is lost as self 
quenching of the wave length shifter itself.

l,3-Diphenyl-5-methyl-2-pyrazoline (III) shows 
brilliant blue fluorescence and is a wave length 
shifter, whereas l,5-diphenyl-3-methyl-2-pyrazoline
(IV) shows greenish yellow fluorescence and is not 
a good wave length shifter. The latter fact is 
similar to the observation by Wiley and co-workers8 
that IV cannot be excited to a fluorescent state 
which is essential for a wave length shifter.

The fluorescence, spectra of some 2-pyrazolines 
were published recently8 and all show maxima be­
tween 440 and 466 m. .̂ For example, I has a max­
imum at 440 npt. Substitution in the 1, 3, or 5-aryl 
groups showed little change in the position of the 
maximum. Since the wave length shifting prop­
erty depends on the fluorescent emission spectra 
the latter observation accounts for the fact that the 
efficiency of the substituted pyrazolines showed 
practically no change with aryl substitution as seen 
in Tables I and II.

The ultraviolet spectra of the 2-pyrazolines are 
summarized in Table V. The substitution of a 
methyl for a phenyl group at the 3-position causes a 
hypsochromic shift of almost 79 units of the 355 
m/i max. This difference in absorption max. ac­
counts for the difference in fluorescent properties 
and the low efficiency of the 3-methyl derivative. 
The substitution of a methyl group for a phenyl 
group at the 5-position, on the other hand, causes a 
bathochromic shift of only 3 units to 358 mu with a 
higher e-value. The presence of the absorption 
band at 355 ± 5 m,u therefore seems to be necessary 
for a good wave length shifter. The relatively 
little difference in wave length shifting efficiency 
between substitution of a methoxy (hypochromic 
effect of 5 units) and a ehloro group on the 3- 
phenyl group (bathochromic effect of 5 units) 
illustrates clearly the negligible substituent effect 
on the phenyl ring when the ultraviolet max. is 
within this region. The 3-st.yryl derivative, how­
ever, shifts the Xmax to 380 mn and as a result, its 
wave length shifting efficiency drops almost 20% 
(Table I). Methyl substitution on the 1-phenyl 
group causes a bathochromic shift of only 4 units 
(to 359 myii). Consequently, no significant im­
provement in wave length shifting properties was 
observed. The resonance effect of the p-styryl 
group and the inductive effect of a CH3 group exert a 
different influence on the excited state la but both 
have the effective emission step which is required 
for good wave length shifting efficiency. Neun­
hoeffer, Allsdorf, and Ulrich7 earlier had attrib­
uted a hyperconjugation effect to the CH3 group 
in order to account for its fluorescent property. 
However, since l-phenyl-2-pyrazoline has an ultra­
violet max. at 280 m/i,9 one would not attach too 
much significance to this effect at least from the 
small difference in ultraviolet spectra.

The ultraviolet spectra (Table V) indicate that 
the substitution of a methyl group for a phenyl at 
the 5-position shifts the 355 m/i max. in I only to

(8) R. H. Wiley, C. H. Jarboe, F. N. Hayes, E. Hansbury, J. T. 
Nielson, P. X. Callahan, and M. C. Sellars, J. Org. Chem., 23, 732 
(1958).

(9) G. F. Duffin and J. D. Kendall, J. Chem. Soc., 408 (1954).
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358 m/a, whereas at the 3-position it shifts the 355 
m/i max. to 278 m̂ . The band at 355 m¡x varies 
little with substitution, and the band at 240 m,u 
varies from 235-252 with substitution. Electron 
donating groups on the aryl groups in the pyrazoline 
ring shift the 240 m/z maximum to longer wave 
lengths.

Introduction of another double bond in the 1,3,5- 
triphenyl-2-pyrazoline nucleus leads to a pyrazole 
which does not absorb at 350-360 m̂  but has only 
one strong band at 250 mp. (emax 30,800). It is sig­
nificant to note here that the ultraviolet Amax of 
240 m,u is present in unsubstituted 2-pyrazoline.10

The infrared spectra of the 2-pyrazolines were 
examined in the 2-15 p region and the results are 
shown in Table V. The single strong band at 6.25 
to 6.27 n probably is due to both the C=N and 
aromatic C=C stretching vibration, as also has 
been noted in an earlier report.8 In general, the 
fingerprint regions of the 2-pyrazolines are very 
similar.

The triaryl-2-pyrazolines also can be used as 
fluors in plastic11'651 and liquid8 scintillators. Our 
results for plastics are reported in Table III. 
There it is seen that l,3,5-triphenyl-2-pyrazoline 
at 1.0% concentration in polyvinyltoluene gives a 
R.P.H. of 34 whereas p-terphenyl (PTP) at the 
same concentration gives a R.P.H. of 30. A pos­
sible excited state for the pyrazoline fluor probably 
would be similar to that shown for it as a wave 
length shifter in equation B.

(10) K. Dimroth and K. Luderite, Ber., 81, 243 (1948).
(11) E. A. Andreeshchev, E. E. Baroni, K. A. Kovyrzina, I. E. 

Pani, I. M. Rozmen, and V.JVL Shomya, Pribory i. Tekh. Experimenta, 
1, 32 (1956).

Experimental
The l,3,5-triaryl-2-pyrazolines were synthesized by the 

reaction of the appropriate chalcone and arylhydrazine in 
glacial acetic acid at water-bath temperatures. 12 13 The prepa­
rations of the new pyrazolines are described below.

3,5-Diphenyl-l-p-tolyl-2-pyrazoline.—A solution of 42.6 
g. of benzalacetophenone and 25.0 g. of 4-methylphenyl- 
hydrazine hydrochloride (Aldrich Chemical Co.) in 500 ml. 
of glacial acetic acid was heated on a water-bath at 1 0 0 ° for 
4 hours. The 2-pyrazoline crystallized when the solution 
was cooled to room temperature. The product was filtered, 
washed with methanol, and recrystallized from a mixture of 
benzene and methanol to give 15.0 g. (30%) of yellow 
crystals, m.p. 165-166°.

Anal.1 3 Caled.forC22H20N2 : N,8.97; Found: N,9.04.
l-Phenyl-3-j»-tolyl-5-dimethylaminophenyl-2-pyr azoline.—

A solution of 50.0 g. of p-(dimethylamino)-benzal-(p- 
methyl)-acetophenone and 2 1 . 0  g. of phenylhydrazine in 
600 ml. of glacial acetic acid was heated in a water-bath 
at 100° for 4 hours and then cooled to room temperature. 
The crystalline product was filtered and washed with cold 
methanol and recrystallized from a benzene-methanol 
mixture to yield 24.3 g. (36%) of canary yellow needles, 
m.p. 143-145°.

Ánoi. 13 Caled, for C24H28N3 : C, 81.06; H, 7.16. Found: 
C, 80.28; H, 7.16.

Determination of Relative Pulse Heights.—The R.P.H.
values were determined as previously described for plastic 
scintillators2' 3 relative to an anthracene crystal of the same 
dimensions (13/16 X 1/2 in.) using a Pa23 4 0 source (0.01 
me., 2.3 Mev.).

Acknowledgment.—We are grateful to Mr. Paul 
J. McGonigal and Mr. Heinz Gunter Dickens for 
their help in carrying out some of the experiments, 
and to Dr. B. D. Halpern for his encouragement in 
this work.

(12) K. V. Auwers and H. Hollmann, Ber., 59B, 601 (1926).
(13) Analyses were performed by Dr. Stephen M. Nagy, Micro- 

chemical Laboratory, 78 Oliver Road, Belmont, Massachusetts.

THE REACTION OF ACTIVE NITROGEN WITH AMMONIA AT -1 9 6 01
By E. R. Zabolotny and H. Gesser

Parker Chemistry Laboratory, University o f M anitoba, W innipeg, Canada 
Received August 14, 1961

Active nitrogen has been found to destroy ammonia at —196° to produce hydrazine which in turn is destroyed. Possible 
reaction sequences are proposed to account for the results.

Introduction
The gas phase reaction of active nitrogen with 

ammonia was studied recently by Freeman and 
Winkler2 over a temperature range of — 5 to about 
440°. Hydrazine was not detected as a product 
and it therefore was assumed that only hydrogen 
and nitrogen were produced in the reaction. It 
also was found that the extent of reaction was 
greater at —5 than at 440°. This was attributed 
to secondary hydrogen atom attack on the basis 
of a parallel behavior in the hydrogen atom- 
ammonia reaction. Under similar experimental 
conditions the HCN produced from the active 
nitrogen-ethylene reaction was about six times 
greater than the ammonia destroyed. This was

(1) This research was supported by the Defenee Research Board of 
Canada under Grant Number 9530-28, Project D46-9530-28.

(2) G. R. Freeman and C. A. Winkler, J . Phys. Chem., 59, 371 
(1955).

interpreted to indicate the presence of at least two 
active species in active nitrogen. The reaction 
of active nitrogen with hydrazine was similarly 
investigated3 and shown to yield ammonia by second­
ary reactions. The present investigation was 
undertaken in an attempt to determine the mech­
anism by which ammonia is destroyed by active 
nitrogen.

Experimental
The apparatus was essentially that described bĵ  Winkler 

and co-workers, 4 the main difference being that the dis­
charge tube and reaction system were not poisoned and the 
reaction chamber was immersed in liquid nitrogen. The 
reactant was condensed slowly at —196° in a U-trap 40 cm. 
from the discharge tube ( 1  in. below the liquid nitrogen level)

(3) G. R. Freeman and C. A. Winkler, Can. J. Chem., 33, 692
(1955) .

(4) D. A. Armstrong and C. A. Winkler, J. Phys. Chem.,r60, 1100
(1956) .
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before the discharge was started. In order to leave “ thick” 
deposits a 15-cm. section of 8-mm. tubing was inserted 35 
cm. from the discharge tube as the inlet arm of the U trap. 
The connecting tubing between the discharge, trap and 
pump was 16 cm.

Anhydrous ammonia (Matheson) and redistilled hydra­
zine (Eastman) were used. The molecular nitrogen flow 
rate was 6.4 X 10-3 mole/min., corresponding to a pressure 
of 1.45 mm. in the reaction zone.

Condensable products and reactant were separated by a 
LeRoy still and the amounts measured in a combined Toepler 
pump and gas buret.

Hydrazine was identified by its vapor pressure, infrared 
analysis, and the identification of ammonia among the prod­
ucts of its decomposition. The potassium iodate, carbon 
tetrachloride test also was used but with limited success.

Results and Discussion
The yellow nitrogen afterglow was partly 

quenched by the solid ammonia deposit and the re­
action under almost all conditions was accompanied 
by an intense blue reaction flame. When the dis­
charge was turned off the blue luminescence dis­
appeared immediately. The results of many 
experiments indicated that the reaction was 
extremely dependent on the conditions of the walls, 
the amount of reaction and the surface area of the 
reactant. For example there was a threefold 
decrease in the extent of reaction when the deposit 
was just below the level of liquid nitrogen as com­
pared with experiments in which the ammonia was 
deposited at the liquid nitrogen level in the sur­
rounding dewar vessel. The extent of decomposi­
tion of ammonia varied with the amount of reactant 
as shown in Table I.

T able  I
D ecomposition of A mm onia  a t  —196° by  A ctive 

N itrogen

Reaction time, 5 min.; all quantities in micromoles
NHs

reactant
NHs

decomposed
NsH#

formed

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

117 2 0 . 4 1 4 . 4
152 14 2 . 5
192 1 7 . 5 4 . 2

When constant quantities of ammonia were used 
the decomposition showed a regular time depend-

T able  II
D ecomposition  of A mmonia at  — 1 9 6 °  b y  A ctive 

N itrogen

NHs
reactant,

/amóles

Reaction
time,
min.

NH#
decomposed,

¿tmoles

NSH#
produced,

mmoles

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

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

6 2 . 3 2 0 . 0 4 3 . 9 0 . 5

1 8 8 . 2 2 . 5 3 7 . 7 3 . 9

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

1 8 7 .1 1 0 . 0 8 7 . 8 6 . 3

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

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

ency. The results for two different initial quan­
tities of ammonia are recorded in Table II.

The hydrazine production goes through a maxi­
mum where a large percentage of the ammonia 
destroyed appears as hydrazine, thus indicating 
that the hydrazine is produced and subsequently 
destroyed by active nitrogen. This was verified by 
reacting active nitrogen with hydrazine at —196°. 
Ammonia was produced but the rate of decomposi­
tion of hydrazine was not significantly greater than 
the rate of decomposition of ammonia, indicating 
that the weak nitrogen-nitrogen bond probably 
plays no important part in the reaction scheme. 
Hydrogen atoms failed to decompose NH3 at —196° 
but reacted with N2H4 to yield ammonia to about 
the same extent as did active nitrogen.

The flow rate of nitrogen atoms as determined 
by the yield of HCN from ethylene was 250 X 10-6 
mole/min. Hence only a small percentage (about 
1 to 15%) of the available nitrogen atoms leads 
to ammonia destruction.

Several possible react.ons can be considered 
as responsible for the decomposition of ammonia 
by active nitrogen6

N +  NHS(W) — > NH +  NH2 -  17 kcal. (1)
This reaction can be defi iitely eliminated since it 
would have a minimum activation energy of 17 
kcal. and would not occur to a significant extent 
at —196°. This is in agreement with the gas 
phase reaction.2’6
N +  N +  NH3(W) — ^ N2 +  NH2 +  H +  121 kcal. (2) 
or N +  NH3(W) [NNH3](W) (2a)

N +  [NNHsKW; — > N2 +  NH, (2b)
N +  [NNHb](W) — >- N2 +  NH2 +  H (2c)

These reactions probably occur on the walls where 
ammonia can be destroyed by the energy of recom­
bination of nitrogen atoms. The reactivity of hy­
drogen atoms with ammonia and hydrazine at 
— 196° is consistent with the energetics involved.

N* +  NH3(W) — ^ NH +  NH2 +  38 kcal. (3)
This reaction could proceed quite readily with 

2D and 2P excited nitrogen atoms, but the low con­
centration of these species in active nitrogen pre­
cludes their importance. Metastable A32 nitrogen

N2* +  NH3(W) — > N2 +  NH2 +  H +  38 kcal. (4)
molecules have been postulated7 as the species in 
active nitrogen which is responsible for the destruc-

(5) Heats of reaction are based »n
Z>(N-H) = 87 kcal. G. Pannetier and A. G. Gaydon, J. chim. phys., 

48, 221 (1951).
D(NH-H) = 90 kcal. A. P. A'tschuller, J. Chem. Phys., 22, 1947 

(1954).
Z>(NH2-H) = 104 kcal. M. Szwarc, Chem. Revs., 47, 75 (1950).
Z)(N*) =  225 kcal. J. M. Hsndrie, J. Chem. Phys., 22, 1503 

(1954).
Z>(NH2-NH 2) — 60 kcal. M. Szwarc, Proc. Roy. Soc. (London), 

A198, 267 (1949).
A32 (N2*) = 142 kcal. K. D. Bayes, Can. J. Chem., 39, 1074 

(1961).
N(2D) — 55 kcal. \ Atomic Energy Levels. National Bureau of
N(2P) = 82.5 kcal. /  Standards. Circular 467.
(6) G. B. Kistiakowsky and G. G. Volpi, J. Chem. Phys., 28, 665 

(1958).
(7) (a) K. D. Bayes, Can. J. Chem., 39, 1074 (1961); (b) R. L. 

Nelson, A. N. Wright, and C. A. Winkler, Symposium on Some Funda­
mental Aspects of Atomic Reactions, Sept., 1960, McGill University, 
Montreal.
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tion of ammonia in the gas phase, and probably ac­
counts for the major process by which ammonia 
is decomposed at — 196°. Hydrazine undoubtedly 
is formed by the recombination of NH2 radicals on 
the walls.

NIL +  N H j(W )----> N2H4 (5)
These radicals also are destroyed by the reactions 

NH: +  NH2 — > N, +  2H, (6)
NH, +  N  N'. +  H2 (7)

In some cases it is noted that, more N2H4 is pro­

duced than is equivalent to one-half of the ammonia 
decomposed. This would seem to indicate that 
hydrazine may be formed by some process, other 
than reaction 5, which incorporates nitrogen from 
the discharge, possibly by a reaction such as

NH +  NH, — N,H4 +  40 kcal.8 (8)
where the NH radical could be formed by atom 
recombination or by reaction 3.

(8) See G. R. Freeman and C. A. Winkler, Can. J. C h e m 33, 692 
(1955), for appropriate energy values.

THERMODYNAMICS OF INTERFACES BETWEEN CONDENSED PHASES1
By Robert S. Hansen

Institute for Atomic Research and Department of Chemistry, Iowa State University, Ames, Iowa
Received August 16, 1961

Measurements of properties of plane interfaces between condensed phases generally are conducted at constant pressure. 
The Gibbs surface excess convention, which eliminates pressure as an independent variable, is not the natural convention for 
such measurements. A convention eliminating chemical potentials of two components is discussed and shown to be particu­
larly appropriate for condensed phase interfaces. The physical interpretation of this convention and formulas for evalua­
tion of thermodynamic quantities from experimental data are presented. An approach to the evaluation of statistical theo­
ries of adsorption from solution in terms of experimental thermodynamic information is illustrated.

Theoretical
Interfacial thermodynamics has received broad 

study and the basic approach to this subject can 
be considered well known. The classic work is 
that of Gibbs2; an excellent paper by Guggenheim 
and Adam3 discusses the physical interpretation 
of surface excesses, and Guggenheim4 has given a 
good summary of interfacial thermodynamics 
emphasizing a viewpoint somewhat different from 
that of Gibbs. A very brief presentation by 
Guggenheim (ref. 4, p. 221) has a result which 
would be equivalent to that obtained by the con­
vention suggested here, and another very brief 
treatment by Overbeek5 is similar in concept. 
An introduction to the present thermodynamic 
problem therefore can be briefly stated.

Consider two phases a  and /3 containing n1; 
n-2, . . . wk moles of components 1, 2 . . . k; let a 
denote the plane interface between them. Let 
E , S  and V  be the energy, entropy and volume of 
the system; A  the area of <r; c f  and c/ the con­
centrations of i in a and /3 at great distance from 
a\ e“, fA, s“, and s'3 the energies and entropies per 
unit volume in a  and 0; and let y  be the boundary 
tension. At equilibrium the temperature T, pres­
sure P , and chemical potential m are uniform 
throughout the system. Then three equations 
apply to the system

(1) Contribution No. 1052. Work was performed in the Ames 
Laboratory of the. U. S. Atomic Energy Commission.

(2) J. W. Gibbs, “Collected Works,” Vol. I, Yale University Press, 
New Haven, Conn., 1948, pp. 219—237.

(3) E. A. Guggenheim and N. K. Adam, Proc. Roy. Soc. (London), 
A139, 218 (1933).

(4) E. A. Guggenheim, “Thermodynamics,” 2nd Ed., pp. 35-45, 
214-226, 255-57, Interscience Publishers, Inc., New York, N. Y., 
1950.

(5) J. Th. G. Overbeek in H. R. Kruyt, Ed.., “ Colloid Science,” 
Vol. I, Elsevier Publishing Co., Amsterdam, 1952, pp. 116-118.

k
0  =  - S A T  +  F d p  — A  d 7  — m  d M i ( 1 )

i =  1 
k

0= —S“ dr +  dp — E  ci“djUi (2)
t = l 

k
0  =  - s 3 d T  +  d p  -  Y  c - . is d ^ i  ( 3 )

i = l

Equation 1 can be considered to express a functional 
relation between y and the k +  2 variables T, 
p, hi, . . .  eq. 2 and 3 indicate that only k of these 
variables are independent. Equations 2 and 3 
can be used to express any two of the variables 
T, p, hi, ■ ■ ■ mk hi terms of the remaining k to obtain 
in eq. 1 a relation between one dependent and k 
independent variables. Multiply eq. 2 by Aa. 
eq. 3 by A*3, and subtract from eq. 1 to obtain
A  d r =  — ( S  — A“sa — APsGdT +  ( V  — A“ — A^)dB —

k
"^2 (n i — A«Ci“ — \PcA)dm  G)

i =  l

Elimination of two differentials is simply achieved 
by choosing A“ and A*3 to make their coefficients 
zero; the same result is obtained in more cumber­
some fashion by using eq. 2 and 3 to eliminate them 
algebraically.

Define the quantities E ds, S ds, T V, nids by E ds = 
E  — A „ e “  — \pFB; S ds =  S  — A“s“ — AGG TV = 
V  — A“ — AG w;ds = n-x — A“c;a — AG/, and the 
quantities e (1s, sds, V ,  Tid by T.Eds = E ds, Tsds = ,Sds 
TV = Eds, Trid = n-lds, then

k
d y  =  - S d 5 d r  +  Td» d P  -  Y )  r w d p i  ( 5 )

1 = 1
and this equation is basic in the sense that only 
independent differentials appear on the right hand 
side if A“ and A0 are chosen to make any two of the
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quantities sds, rds, r id . . . Tkd equal to zero. The 
form of eq. 5 will depend on the convention d 
exercised in this choice. Now y is a property of the 
interface, independent of the amounts of phases a  
and ft present so long as these amounts are sufficient 
to extend to appreciable distances away from the; 
interface. Its partial derivatives after the inde­
pendent variables on which it depends, and there­
fore such quantities as sds, up and r ids for a given 
convention d, also must be independent of the 
amounts of a  and /3 present. This physically 
obvious result is easily confirmed mathematically; 
changes in amounts of a  and ft present correspond 
to replacing S  by S  +  as“ +  b s 13, V  by V  +  a  +  
b, n i by rii +  acP +  be fi, and it is readily shown 
that, if A“ and A'3 are chosen to make two specified 
differential coefficients vanish, the remaining co­
efficients are independent of a  and b. The proper­
ties $ ds, rds, Tid, etc., are hence properties of the inter­
face and the convention used to define them, and 
can be considered specific surface excess quantities.

In the Gibbs convention, A“ and A'3 arc chosen to 
make the coefficients of dp and one chemical 
potential differential, say dpi, vanish ( i .e . , to elimi­
nate P  and pi as independent variables). In this 
convention, therefore, r ds and Fld are zero. Ef­
fectively, the same choice is used by Guggenheim 
in his general treatment.4 Any two of the surface 
excess quantities (e .g . , sds and r ds, sds and r xd, or Tld 
and r 2d) could equally well have been chosen as 
zero; the choice is purely conventional but the 
Gibbs choice is the classic one. Physically, how­
ever, it is desirable to retain as independent any 
variables which we intend to control experimentally. 
For this reason it is not desirable to eliminate tem­
perature as an independent variable. In experi­
ments dealing with interfaces between condensed 
phases (e .g . , liquid-liquid or solid-liquid inter­
faces) it appears equally undesirable to eliminate 
pressure as an independent variable. In fixed 
temperature, fixed pressure experiments it is con­
venient to eliminate two chemical potentials, 
which we shall choose as /xx and p2, as independent 
variables by setting r xd and F2d equal to zero. We 
denote by e s, ss, ts and It the specific surface excess 
quantities, E s, S s, F s, nff, the total surface excess 
quantities established by chis convention. Then

k
dd = —ss d T  +  t” ¿ P  — "^2 Ei dpi (6)

i  =  3

The equations r x =  T2 = 0 establish A“ and Ap
„ n ic2P —  nocfî . a n%C\a —  n,c-<a\a =  .----------------------- - =  ■-----------------------

Cl a c A  —  C i P c f i  Cl “ CoP —  C-2a C 10

Physically, A“ and are the volumes of phases 
a  and /3 (considered homogeneous with compositions 
as they exist far from <r) which would together con­
tain the amounts of components 1 and 2 in the 
system.

We now consider two propositions concerning 
the specific surface excess quantities.

(1) If the partial rtiolal volume of each com­
ponent in the system is independent of location 
( i .e . , Vi“ =  Vi0 = V;“ = Vi) then, since Svpc;“ = 
h v f ic f i  =  1 we have

k k
A ViTid = ^2 «¡Vi — X“ — \ß =

Ì — 1 Ì = 1
V — X“  — \ß = A r,ia

i .e . ,

J2 vi Ad =
Ì = 1

regardless of the conveniion d. If the concentra­
tion of a component j in a phase a is such that 
v f c f  <  1 the above conclusion is negligibly altered 
if vj“ ^  v /  = vp. In a two-phase three-component 
condensed system (e .g . , water-benzene-heptanol) 
we would expect rds ~  10^7 cm. For such a system 
( d y / d p ) r . n 3 ~  10 “ 7 cm., or about 0.1 dyne/cm. 
atmosphere. Evidently studies over large pres­
sure ranges will be necissary for accurate docu­
mentation of the pressure dependence of properties 
of interfaces between condensed phases, including 
rds. For most practical purposes properties of 
interfaces between condensed phases are pressure 
independent and information derivable from a 
pressure dependence is unavailable. This fact 
is obscured when pressure is eliminated as an inde­
pendent variable.

(2) The proposed convention seems well suited 
to a discussion of the interface between an inert 
gas (component 1) and a solution of slightly volatile 
components (2, 3 . . .). Choosing Tx =  r 2 =  0, 
values of A“ and Â  have been given, and we have 
A“ +  A3 = V  —  A ts, c2“A“ +  e f iA*3 = n2. Suppose 
that the inert gas has negligible surface activity 
and solubility in the solution phase; then its 
removal from the system, keeping n2, n 3 . . ., V  
and T  fixed should negligibly affect c2“, c3“ . . . efi ,  
ef i  . .  .. To this modified system the Gibbs con­
vention is appropriate. Denoting quantities in 
this convention by primes, we have rs' = 0, r 2' = 
0, so A'“ +  A,/3 = V ,  Ci"A'“ +  ef iA,(3 =  n2. So

A'“  — X“  = A tscA
e fi  — c,.a’ \'ß -  \ß =

and

ArBCia
(c->ß — c2“ )

T G V  — Ei) =  — (A'“  -  \«)c¡<* -  (X'0 -  \ß)aß =
- 4  T,

e f i  —  C i
; ( ù ì a C i ß  —  C -iß C ia )

Let a  denote the gas phase, 2 the major component 
of the solution. Then .4tsc23 is in order of magni­
tude the number of n oles in a monolayer. In 
an aqueous 1 molar solution, for example, e f i  —  
c2“ ~  50 moles per liter, and if the vapor pressure 
of no component exceeds 100 mm. at room tempera­
ture (c2a/ c f i )  (efi — &“) — 0.006. Hence r /  — T; ~  
10-4 monolayer, i .e . , TV and Fx differ negligibly if 
vapor pressures are small and component 2 is the 
major component of the solution.

We now consider some general thermodynamic 
relations in terms of the proposed convention. 
From the first- and second laws of thermodynamics 
together with the definitions of surface excess 
quantities (rx = r2 = 0 convention) we have

k
dE‘ =  r  dS* -  p dF3 +  7dh +  2  « ¡dm 8 (7)

i = 3

We define the accessory functions 3CS, H s, F s and 
G a by
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3C8 =  E‘  +  p 7 8 (8)
H ‘  = E> +  p V ‘  -  y A  = 3Ca -  y A  (9)
F* =  E‘  +  pF 8 -  TS8 =  3C8 -  LS8 (10)

G‘  =  E‘  +  pV ’  -  TS‘ -  yA  =
H ‘ -  TS* = F8 -  7^ (11)

and the corresponding specific quantities X s, 
h3, f3, g3 by -43C3 =  3CS, 4 hs =  H B, A f * =  F s, 

Ag3 =  G s. Note also that X s = (d3C3/d.4)r,p,7iiX1-, 
etc. (subscript m  means that m  . . .  are 
all held constant, i.e ., all k —  2 independent chemi­
cal potentials). Where X s is any extensive surface 
excess thermodynamic quantity, define x s by

X , =  ( m  ( i2)
\cmi /  T,p,y,n'is

the subscript n }s meaning that all of the quantities 
n3s, n49, . . . nks except %8 are held constant, Xis is the 
surface analog of a bulk partial molal quantity;

k
X s is homogeneous of degree 1 in n8, so E  nisXjs =

2 = 3
X s. (Note: X a will in general have a non-zero 
value even when n 3s, n £  . . . n ka are all zero,

k
X 0B =  Lim ^2 mBXis ^  0 in general 

» = 3
all n \‘ -*■ 0

With these definitions
k k

G ‘  =  Mi WiB; gs =  E  Mir, (1 3 )

- • - H S ) , ’ « .  < '4 ,

)/  T,v,A,m‘

Hi8 = Mi +  Tsi’  ■■ T2 [ d r  ( r ) ] p , 7,ni8.ni8 (15)

(à3CA =  ■ +  T
\bn-,aJ T,p,A,njs \bn ‘ J T,p,A,njs

7’2[ ö r  (r)]p ,A ,n i8.ni8 (16)

yKi = Fi8 — Mi = 3Ci8 — Hi8 (17)

sa = -  (\ ÏT  J p,pi (18)

p,n is
(Ï>y\ __ (à y \
\()T) p,A,niB \ÔT/ p,ri (19)

Si8 _  /d S f'
\ÖMi8/) T,p,A,nf  (d 7 ’ )p ,ri,r j (20)

3C8
k

= E
t = 3

MiBi +  7 - T (21)

k
3C* = y t n\

i = 3
»

\dnf/ T,p,Atnf

A b - T ( I f L , ] (22)

-RT*

- RT*

/ d  In q A  _

\ àT )  p,A,nia,nie
/à In aA
V àT ) P.r,.r,

/d lnaiN /ô ln  aA
1 àT Jp.n.rs ~ V àT j ;

A
RT

L (à y \
T \bT/ v,Ti,Ti

(24)

(25)

Evidently numerous other relations could be de­
rived; those given appear most likely to be useful.

Derivation of Surface Excess Thermodynamic 
Functions from Experimental Data. Boundary 
Tension Measurements.— The boundary tension 
is the thermodynamic potential appropriate to the 
variables p, T , ju3, m  . . . (i.e., given the function 
y (p , T, pu, n4 . . .) all surface excess quantities can 
be obtained by differentiation. Thus (see eq. 6 )

(26)

T>= ( § ) r , w (27)

r , =
\ÔMi/ T,p,il;

(28)

whence other thermodynamic functions can be 
obtained from their definitions.

Experimental information can readily provide 
instead the function y (T , p, a3, a4 . . .), from which

•■ =  - ( » ) „ .  ( § ? ) „ , ,

sO (29)

T8 =  ( P )\àp/T,ai (30)

r , =  1 (  ^  ^
RT \à In a-J T,p,a. (31)

k
G» =  E  D  (Mi0 +  RT  In fli)

i = 3
(32)

k
f8 = E  Ft (mi0 +  RT  In a\) +  7

t = 3
(33)

» • - - r (34)

IC-- T - r  ( & ) , . «  +  , ? ,  r ‘ (35)

These are illustrative and are probably the most

Suppose activities of components in one phase are 
known, then «  =  Mi0 +  R T  In a„ where is the 
chemical potential of component i in its reference 
state. Let iq1 =  — T 2 d /d T  (m °/T) and Si° =  1 / T  
(Hi0 — Mi°) be the partial molal enthalpy and en­
tropy of i in its reference state. Then

Hi8 -  Hi0 =  - RT2 /Ö In aA 
\ àT )  p,y .n f.n f

(23)

useful thermodynamic quantities obtainable from 
boundary tension measurements (experimental 
information generally will not suffice for the cal­
culation of ts; the_ quantities Si0, Hi0 — Hjo’ , and 
Mi0 — 3Cio°, where 3ci00 is the enthalpy of pure i at 
absolute zero, are obtainable but may be unknown).

Adsorption Isotherms from Concentration 
Change.— Isotherms of concentration change gen­
erally are determined for a solid adsorbent and 
liquid solution having negligible mutual solubility. 
Let V  ml. of solution (phase (?) containing n2, 
n 3 . . . moles of com ponent 2, 3, . . . with initial 
concentrations c2', c3' . . . be added to n i moles of 
adsorbent (component 1, phase a ). At equilibrium 
the concentrations in phase /3 are c2, c3 . . . . Con-
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centrations of component 1 in phase /3, and of com­
ponents 2, 3 . . .  in a  all are assumed to be zero at 
equilibrium. All initial and final concentrations 
are subject to determination. Then

. niAa — —-, AS Cl«’
Va'

Cl

n f  =  » i — XttCi« — XßCiß =

Va' — F — ci =  F(ci' -  ci) +  F aCl \ Ci / (36)

The function F fo ' — a )  =  / ( c 3, c4 . . .) is the com ­
monly presented isotherm of concentration change, 
the quantity F [(c2 — c2// c 2) ]cj an accessible modi­
fying term, small if component 2  is the major 
component of /3. Let v2, v3 . . . be the partial 
molar volumes of components 2, 3 . . .  in the equi­
librium solution, then

E  »!■ VI = F E  Vi(ci' -  Ci) +  F E  Vi Ci
t = 3 i = 3 Ca i = 3

A;
But X  V|Ci =  1; further if C{ — C{ is small in first 

i = 2 h
order for all i, XI v* c /  — 1 will be small in second 

t = 2
k k

order (because E  Ci dv; =  0 ). E  ^  Ci =  1 —
i — 2 i — 3

v2c2, and to excellent approximation if all (c-/ — Cj)
k

are small, E  W c i  =  1 — v2c2'. Therefore

’T 'F w )
and we have seen previously that if the partial 
molal volumes also have the values v in the inter­
facial region, this is equal to F s. For condensed 
systems F (c2 — c2' / c 2) must approximate F8 in 
any event. If the solution contains only two com­
ponents, F (c2 — c-i'/d) =  F (v3/ v2) ( cs' — c3/ c 2). 
The total surface excess quantities n 3s, n4s . . . hence 
can be obtained ; the surface area of the adsorbent 
can be measured so the specific surface excess quan­
tities r3, r4, . . .  can be calculated. Suppose r3, 
r4, . . .  have been evaluated as functions of T, 
p, a3, a4 . . .. Thermodynamic information can be 
obtained most directly from the spreading pressure

p, a3, at . . .) — to( 7 »  -  y(T , p, o3, a4 . . .) =
k

E  Ti RT d In ai (37)
3/ .

Ö3, <24 . .
0, 0 . . .

where y 0(T ,p ) is the interfacial tension in the ab­
sence of components 3 ,4  . . . .  Then from eq. 29-35

( ò r ) *  +  ( a r ) * , . , +

E  r > (si° — R In ai) (38)

(39)G8 = E  Ti (Mi° +  RT In ai)
i = 3 

k
F8 = E  r . (jui° +  RT In ai) +  70 — 0 (40)

i = 3

+ <4»

3C* =  to -  T - 0  +  r +

(42)

The quantities y 0, scs =  — (à y 0/ à T )p, and 3C08 =  
7o — T (à y 0/ à T )p will not in general be avail­
able for solid adsorbents. Alternatively, (Ô3C8/  
d^is)r,*,A,njs can be obtamed by means of eq. 24, 
and 3C8 calculated by a modification of eq. 22

43C!
P.Aji is

4

• +3C0'

[ * - T( i f L ]  (43>
Heat of Wetting Experiments.— We shall con­

sider only the wetting of a single-component solid 
phase by a liquid solution; the solid phase a  con­
sists of component 1 , the solution phase ¿3 of com­
ponents 2, 3 . . . . Component 1 will be assumed 
insoluble in /?, components 2, 3 . . . insoluble in a, 
and it will be assumed that the wetting process 
occurs without change in surface area. It is 
believed that all heaj of wetting experiments so 
far conducted have been intended to conform to this 
model. _

Let To°, So0 =  - d 7 o°/dr, Xo° =  70° -  T (d y 0°/dT) 
pertain to the solid-“ vacuum”  interface, 70, s0s, 
3Cos to the interface between solid and pure com­
ponent 2 . The heat absorbed in a constant pres­
sure, constant area process is A3C.

Let Hi be the partial molal enthalpy of com­
ponent 1 in a ,  h 2', i-i 3' . . .  the partial molal enthalpies 
of 2, 3. . . in /3 before wetting has occurred, h 2" ,  
h 3"  corresponding values after wetting has occurred. 
When the solid is wet by a solution containing n 2, 
n 3 . . . moles of components 2 , 3 . . .  (for convenience 
we shall suppose the total wetting process is iso­
thermal, i.e., initial solid and solution temperatures 
and final system temperature are all the same) 
we have
Q — AÎC = JCfmal — ïCinitial 

k
— KiHi +  E  (n ‘ ~  M'is)Hi" +  3CS — ÎI1H1 — 

i = 2
k

E  Wi Hi' — +3C„°
i = 2

k k
=  3C" — E  « ¡ ’ Hi”  +  E  «¡(H i" — Hi') — +  W

i = 3 i — 2
(44)

At constant temperature and pressure 2 nj dfij =  
0, hence if bulk concentration changes in /3 resulting 
from adsorption are sufficiently small that Hi" —

k
Hj' is small in first order for all i, E  wi (ffi" — Hi)

i = 2

will be small in second order and can be neglected. 
To this approximation

k
Q =  A3C =  3C8 — E  n ’  Hi" -  -A W  (45)

i = 3

If Q ' =  A3C' is the heat of wetting of adsorbent by 
pure component 2 we have also



414 R obert S. Hansen Vol. 66

Q -  Q '  =  A3C -  A3C' =  3C3 -
k

n¡3 Hi" — A3C0S (46)
i = 3

/ÒA3CN /03C8\
\ òn f  )  T,v,A,nf \Ò«is/

To obtain (àX,s/àriis) T,v,A.n‘ —3 ° it will in general 
be necessary to obtain h "  — h ° from heat of solu­
tion measurements.

Comparison of Surface Excess Thermodynamic 
Functions with Predictions of Statistical Models.—
Statistical models generally will involve actual 
regions, numbers of molecules, etc., and will pre­
dict thermodynamic quantities for these regions, 
not surface excess quantities. This fact is im­
portant when comparing theory with experiment. 
Statistical treatments based on canonical ensembles 
will yield F  =  E  — T S  as a function of T, V , A , 
n h n 2 . . . with (à F / à T )r .A,nu„ , ... =  —»S', ÇàF/ 
dT)r,A,M,nj =  P , (àF/àA)i-,V,n„ni . . . ”  7,
(d F /dn i)T,r ,A,nj =  m. Statistical treatments based 
on grand canonical ensembles will yield the thermo­
dynamic potential Y  =  p V  — 7I  as a function 
of T , V , A , hi, m* • • • with (à Y / à T )v,A,fi =  5, 
(d Y / d V )T,A.lli =  P , (d Y / d A )r .v ^  =  - y ,  (àY /  
ànÙT.r.A.v =  ni- Treatments of condensed in­
terfacial regions usually will assume these regions 
to be nearly incompressible or use approximations 
equivalent to this assumption.

The method of comparing theory with experi­
ment will be illustrated with a simple statistical 
model, namely the Langmuir model adapted to 
adsorption from solution. Consider a solid (phase 
a, component 1) and a binary solution (phase ¡3, 
components 2 and 3). Component 1 is insoluble 
in (3, components 2 and 3 insoluble in a. For 
simplicity we shall suppose molecules of 2 and 3 
to be interchangeable in two- and three-dimen­
sional lattices, i.e ., to be substantially of the same 
size. We further suppose that the region of in- 
homogeneity a is limited to a monolayer and can 
be treated as a two-dimensional lattice. We 
assume that there is no preferential interaction 
between molecules in <7, or between molecules in <r 
and molecules in /3. The grand partition function 
treatment of this model parallels closely that given 
by Fowler and Guggenheim6 for perfect mixed 
crystals. Consider a surface region of area A ,  
volume V  at temperature T. h/ and hz are the 
molecular chemical potentials of components 2 
and 3, fa ’ (T , A / N , V / N ) and fa '{T , A / N , V /N ) 
the molecular Helmholtz free energies (E  — TS) 
of films consisting wholly of 2 and 3, respectively, 
A4 and N$ are the numbers of molecules of 2 and 
3 in the lattice, and N  =  A4 +  A4 =  total mole­
cules in the lattice (not assumed fixed). fa ' and 
!ps are assumed, for fixed N , to be independent of 
the ratio N 2/ N 3. Let E be the grand partition 
function for this system, then

E
N

N
E

0 Vs = 0
An

(Ar — Ns) \ N3
3 ) (yuE ~ 4' 2/) / k P z(ß3 ' ~ i/t ' ) / kP

(6) R. Fowler and E. A. Guggenheim, “ Statistical Thermodynam­
ics,”  The University Press, Cambridge, 1956, pp. 240—244.

= E  Hn (48)
N  =  0

defining E n - If the lattice is nearly incompressible 
the dependence of fa ' and 1p-/ on A / N  and V / N  
will be such that appreciable contributions to E 
will only be made by terms E n  such that N  ~  N * ,  
where N *  is that N  for which E n  =  E* is maxi­
mum. We therefore replace E with its maximum 
term **, (1fa '* and fa '*  are values of fa ' and 1fa' for 
N  =  N * )  obtaining

N * A'*!
(N *  -  N 3)\ N ,}

g ( A r *  —N 3) ( H z r  —  ̂ 3' * )  /  k T g N $ ( P s '  — 1p z ' * ) ! k T

=  [ e G 2/ - ^ 2' * ) l k T  e ( ^ ' ~ i p - i ' * ) / k T j N * (49)
Where A4 is Avogadro’s number, let N *  =  A N 0n m, 
A4 =  A N qïiî, A4 =  AN tfiz, hî =  N 0H2', Ms =  
N ih', fa  =  N Qfa'*, fa =  N ofo '*  to obtain 
Y  = p V  -  y  A  = fcT In 2 =

A n m R T  In [ e p i ~ ^ i RT +  e ^ ^ ' ET] (50)

With the assumed equivalence of molal volumes of 
components 2 and 3 it is convenient to define the 
functions h2b° =  fa  +  p V , M3a° =  fa  +  p V , hz& and 
g3a° being supposed functions of T, p  and A / N  only 
with (dg2a0/d T )p,A/,v =  — s2a°, H2a° =  M2a° +  
Tfa&°, s3a° and H3a° being similarly defined. Then

- y A =  A rim R T  In [ e ^ ^ ' KT +  e ^ - ^ i RT] (51)

is a thermodynamic potential characteristic of the 
variables T, p, A , hi, m3 with 

/ d7-4\ _
2 V < 3  )  T,p,A,iu

2 F2aP)/RT)
fC‘2-»»»°)/xt _j_ e((»3- ( 5 2 a )

=
3 \

g(»“2- P&0)IRT 6C»»a-^ )IR T  (52b) 

From eq. 51, 52a, 52b, we have also

m  = Msa° +  R T  In ^  -  Ef (5.3a)
n m ih n

M3 = M3a° +  R T  In —  -  -E.
'P'm

(53b)

Further

S  = ( — ■') =  A n m R  In [e ^ ~ ^ ) i R T  +
\ Ol /  p,A,fiZ,ß3

________ ArimRT______
J j_ g(f3- l‘3.A>yRT ^

f plH-rxfil/RT ( Mr___ î G h
L V r p  )

- | ~  e ( ^ 3 - ^ 3 s i ° ) i R T / ms -  3C3a°\“|
V i?r2 )\

(53c)

= A  \nz f s 2 a° — R  In  ̂ +  ft3 ( S3a° ~ R  In - G  1
Ì \ nmJ \ Mm/ 1

(54)

= vl(ft2/U2 +  ft 3 M3 ) +  y  A

— A  1 ft2 { M2a° +  R T  In H~ ft3 +  R T  In [
Ì \ ftm/ V Mm/ )

(55)
5C = F  +  T S  -  A  |ft2H2a° +  «3H3a°! (56)

Suppose the solution in equilibrium with a is ideal, 
and let x  =  mole fraction component 3, 1 — x  =  
mole fraction component 2 in this solution. Then 
Ms =  Ms0 +  R T  In x, Hi =  M20 +  R T  In (1 — :r),
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taking pure components as reference states. 
Using (52a) and (52b) and defining b =  exp { (ji2a° — 
Hi°/RT) — (fiza.0 — M3a)/ R T ]  we obtain

n2 _  l — x ns _  _____ bx
nm 1 +  (6 — X)x’ nm 1 +  (b — l)x

Since (thermodynamic quantity per unit volume/ 
c?f) =  [thermodynamic quantity per total m ole/ 
(1 — x ) ]  we have

r3 =  n3 - n ix nm(b — l)x
(58)1 — x  1 +  (6 — l)x

From (51) using (53a) with y  =  y 0 when m  =  
M20, =  n m we have

<A =  t o  — y =  nmRT  In [1 +  (6 — l)x] (59) 
from which also

(J £ ) =  nm R In [1 +  (6 -  1)*] +

nm RTbx d In b 
1 +  (b -  l)x  (bU)

The form of Tt (T ,x ) obtained from isotherms of 
concentration change or of 6 (T ,x )  obtained from 
boundary tension measurements, including tem­
perature dependence, can be readily checked against 
theoretical values. In case of check, the param­
eters n m, b and d In b/cLT can be determined, and 
imply [(m2a° -  M2°) ~  (M3a° -  M30)], [(H2a ° -  H2°) -  
(H3a° — H30)], and so also [(s2a° — s2°) — (s3a° — s30)]. 
These cannot be further resolved unless yo =  n m 
(/i2a°-M 20), — dyo/d T = n m (s2a° -  s20) ,to -  Tdy0/d T  
= » m (H2a°—h2°) are known, in which case (M2a° — M20), 
(M3a° -  M3°), (H2a° -  H20), (H3a° -  Hh°) , (s2a° -  S2°), 
(s^ 0 — s3°) can be obtained.

These quantities will include contributions due 
to the non-uniform environment of surface atoms 
in a, i.e ., the treatment given formally attributes 
all surface excess free energy, entropy and enthalpy 
to molecules of components 2 and 3. The contri­
bution to (M2a° — M2°) and to (nia° — ms°) from this 
source, for example, would depend on the method 
of partitioning interaction energies but by one 
method could be taken as y f / n m for both quantities.

Equations (54-56) present S, F  and 3C in particu­
larly simple forms. We now consider how these 
forms might be reached from observations of iso­
therms of concentration change only. Suppose 
T z(T ,x) had been determined, and found to be of 
the form (58) with nm temperature independent, 
b temperature dependent. From

<t> =  r s RT d In x (61)

using (58) we obtain (59), and by differentiation 
we obtain (60). Substitute these expressions for 
r 3, <b and (d<b/&T)x in eq. 38, 40 and 42 to obtain
s' =  So8 +  nmR ln [1 +  (6 -  l)x] +  

nmRTbx d In 6 nm(b — l)x
+1 +  (6 -  l)x  d r  1 +  (6 — l)x; (S30 — if In x)

(62)
F8 = to — nmRT ln [1 +  (6 — 1>] +

+  RT  In 1 ) (63)

3CS =  3Cos +
nm RT2 bx d In b , nm(b -  l)x

r  +  (6 - 1Tx +  r + ( b ~ r u 113 (64)
To proceed from these surface excess quantities, 

directly available from experiment (if s0s, y n and 
3C0S are unavailable, as generally will be the case 
if isotherms of concentration change are the only 
sources of information, s8 -  s0s, fs -  y0, and 3CS -  3C0S 
should be considered the experimentally available 
quantities) to thermodyr amic quantities for a 
proposed adsorption region it always will be neces­
sary to introduce at this p rin t an assum ption as to 
the character o f the adsorption region. It is not pos­
sible to convert one piece of information (r3) into 
two pieces of informatioi (n2 and n3) otherwise. 
In the present case we assume

n 2 +  n3 =  ram (65)

This, together with the definition of r 3 (assuming 
as before no solubility of 2 and 3 in a  or of 1 in ¡3)

r 3 =  n, -  1nq x  (66)

furnishes two equations in the two unknowns 
n2 and n3, permitting them to be expressed in 
terms of nm, F3 and .r. Using the expression (58) 
for the dependence of r 3 on x, n2 and n3 are obtained 
as functions of x  and eq. 57 is recovered. We 
then have

= s' +  tU ~  -  R In ( l  -  x)\ +

s(s3° — R In x)]
=  So' +  nmR In [1 +  (b — l)x] +  ji2[s20 —

R In (1 — x)] +  n3 s3° — R In x +  RT  — J

= So8 +  mitTs:!0 — R In —  +  njt\ s3° — R In — ”1 +

m ^ ( R T  In b) (67)

This is equivalent to (54) if we identify d /d  T  
(R T In  b) =  -  (s2a° -  s8°) — (s3a° -  s:i°),Sos =  n m(s2a° 
— s2°) as before.
TT Y) ,1

= F' +  [(1 -  X) W  +  RT  In (1 -  x)} +
A  1 — x

x (n30 +  RT  In x)]
=  70 — nmRT  In [1 +  (6 — l)x] +  w2[m50 +

RT  lr. (1 -  x)] +  n3 [M3° +  RT  In x]

= 70 +  «2 ( mo0 +  RT  In " J

+  »3 r  m:i° +  RT  In ” 3 -  RT  In b ]  (08)

Identifying y0 with nm( a2ac -  n f )  and R T  In b with 
(M2a° -  M2°) -  (m3a° -  M3°), we recover (55)

^  =  3C* +  7 —  [(1 — x)H20 +  XH3°1 ■A 1 —  x
= 3C0a +  n2n2» +  «^ [ho0 +  R7’2 (69)

Identifying 5C0S with nm(H2f:° -  h2°) and R T 2 d In b/dT  
with — (H2a° -  H20) +  ( W  -  h3°), we recover (56).
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THE EFFECTS OF REACTOR IRRADIATION UPON THE SUBSEQUENT 
THERMAL DECOMPOSITION OF LEAD STYPHNATE1

By Ted B. Flanagan2
Explosives Research Section, Picaiinny Arsenal, Dover, New Jersey, and Brookhaven National Laboratory, Upton, L. I., New

Y o r k

Received August 21, 1961

The kinetics of the thermal decomposition of lead styphnate have been examined after being subjected to a series of ir­
radiations in the Brookhaven National Laboratory graphite reactor. It was observed that the decomposition rate is en­
hanced and the activation energy for at least part of the decomposition is significantly decreased by nuclear irradiation. 
It also was found that it did not make any difference in the subsequent thermal decomposition whether the material was 
irradiated as the anhydride or as the monohydrate. Possible mechanisms for the decomposition of the irradiated salt are 
discussed.

Introduction
The dehydration and decomposition of the pri­

mary explosive lead styphnate monohydrate3

have been investigated recently.4 The detailed 
kinetics of the dehydration and decomposition of 
barium styphnate monohydrate also have been ex­
amined.5 It was observed by Tompkins and Y oung5a 
that prior irradiation with ultraviolet light did not 
affect the subsequent thermal decomposition of the 
barium salt. With respect to gas evolved during 
7 -ray irradiation, lead styphnate monohydrate was 
found to be the most stable of several explosives in­
vestigated.6 In addition, it was found that 7 -ray 
irradiation (up to 1.8 X  108 r.) had negligible effect 
upon the subsequent decomposition.4b Thus it 
appeared that lead styphnate was quite stable 
toward ionizing radiation. It was of interest to 
examine how radiation from a nuclear reactor 
would affect the subsequent decomposition. This 
was of particular interest because lead styphnate 
exists as a stable monohydrate and could, therefore, 
be irradiated either as the monohydrate or as the 
anhydride.

Experimental
The specimens were irradiated in a water-cooled “ hole”  

(~ 3 0 -5 0 °) in the Brookhaven National Laboratory re­
actor where the approximate neutron fluxes were: 4.5 X 
1012 ncm .-2 sec. -1 (total), 1 X  1012 ncm .-2 sec. -1 (fast, >  
0.6 M ev.), and 2.1 X 1012 ncm .-2 sec. -1 (thermal). The 
accompanying 7-ray irradiation was approximately 2.7 X  
106 r./hr. Some samples were irradiated at a higher thermal 
flux_ (see below). The majority of the samples were ir­
radiated while exposed to the atmosphere. Upon removal 
of the irradiated samples from the reactor, they were stored

(1) This work was performed at Brookhaven National Laboratory 
and was supported jointly by Picatinny Arsenal and the U. S. Atomic 
Energy Commission.

(2) Chemistry Department, University of Vermont, Burlington, Vt.
(3) Evidence for an alternative structure is discussed by Zingaro 

(J. Am. Chem. Soc., 76, 816 (1954)).
(4) (a) T. B. Flanagan, Trans. Faraday Soc., 66, 114 (1959); (b) 

67, 797 (1961); (c) F. C. Tompkins and D. A. Young, J. Chem. Soc., 
331 (1956).

(5) (a) F. C. Tompkins and D. A. Young, Trans. Faraday Soc., 
52, 1245 (1956); (b) F. C. Tompkins and D. A. Young, J. Chem. Soc., 
4281 (1957).

(6) J. V. R. Kaufman, Proc. Roy. Soc. (London), A246, 219 (1958).

in a desiccator prior to the decomposition studies. The 
samples were evacuated overnight in a hard vacuum prior 
to the decomposition runs.

The decomposition apparatus has been described pre- 
viously,b and the preparation of the well-aged, small, un­
ground styphnate crystals used for the decomposition 
studies (1-4 mg.) also has been described before.4'*'1' A 
few dehydration runs were performed using a quartz helix 
balance (sensitivity, 1 cm ./m g.) purchased from Micro­
chemical Specialties, Berkeley, California.

Results and Discussion
General.— Samples of lead styphnate monohy­

drate were subjected to a series of reactor irradia­
tions in a water-cooled hole (30-50°) of the Brook­
haven National Laboratory reactor. Evidence is 
presented here which strongly supports the view 
that the samples were irradiated as the mono­
hydrate, i.e ., they were not dehydrated during the 
actual irradiation. Subsequent decomposition 
studies then were performed in the temperature 
range 200-225°; dehydration occurs rapidly at 
these temperatures, e.g., dehydration is complete 
for unirradiated samples in 1 min. at 197° and less 
than this for irradiated samples.48- Hence, it is 
believed that during decomposition runs dehydra­
tion is complete before significant decomposition 
has occurred.

The decomposition of unirradiated lead styph­
nate has been described elsewhere41* and a decom­
position curve (pressure vs. time) is shown in Fig. 
1 in comparison to curves of reactor-irradiated 
samples (222.5°, 1 mg.). It can be seen that 
only after comparatively large doses of radiation is 
the subsequent decomposition affected.7 The de­
composition curves shown in Fig. 1 are quite re­
producible for samples which have been taken from 
a batch of irradiated material and also are reason­
ably reproducible with respect to radiation dose, 
i.e ., a sample irradiated under similar conditions 
and for the same length of time as those shown in 
Fig. 1 exhibits a similar decomposition curve. 
In addition, the irradiated material shows stability 
towards aging effects, e.g., a heavily irradiated 
sample stored for 3 years at room temperature ex­
hibited virtually the same decomposition curves as 
a sample investigated several days after irradia­
tion.

A sample irradiated in  vacuo (1.1 X  1018 ncm .-2, 
curve C) yielded a nearly identical decomposition 
curve as a sample irradiated in the atmosphere of the 
reactor (the normal conditions employed). Thus,

(7) E. G, Prout, Nature, 183, 884 (1959).
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it appears that interaction with the atmosphere 
during irradiation does not influence the subsequent 
thermal decomposition. The gas evolved during 
an average irradiation was negligible, e.g., for 
sample C less than 0.8%  of P s was found (P i =  
final pressure after complete decomposition).

Figure 2 shows the variation of maximum rate of 
decomposition and the length of the induction 
period (222.5°) plotted as a function of total neu­
tron dose. It may be seen that the maximum rate 
of decomposition has increased by a factor of 3 in 
passing from an unirradiated sample to sample A  
(the sample irradiated for a given total neutron 
dose hereafter will be referred to as labeled by the 
curves shown in Fig. 1). It is of interest that the 
maximum rate observed for heavily irradiated 
samples, e.g., A, under conditions where self­
heating apparently is not a factor, is greater than 
that for an unirradiated sample in the vicinity of 
the latter samples’ detonation temperature, e.g., 
at 225.2° the maximum rate of A  is 4.5 jumin. -I mg . -1  
whereas at 227.9° the corresponding rate for an un­
irradiated sample is 1.3 /main. -1  mg . -1  (at 228.7° 
self-heating is observed and at temperatures 
> 229° detonation occurs4b) . Because of the short 
acceleratory period the value of the maximum rate 
is not very accurate and, therefore, two other 
quantities also have been plotted (Fig. 3), i.e ., 
the rate of the early linear period4b and the pres­
sure evolved after a given time interval. These 
quantities show a similar dependence upon dose 
as does the maximum rate (Fig. 2).

The curves A  through E shown in Fig. 1 refer to 
samples irradiated with a flux 4.5 X  1012 ncm . -2  
sec. -1  (total), 1.0 X  1012 ncm . -2  sec. -1  (fast, >0 .6  
M ev.), and 2.1 X  1012 ncm . -2  sec. -1  (thermal). 
The curves F and G refer to samples irradiated with 
a flux 1.3 X  1013 ncm . -2  sec. -1  (total) with ap­
proximately the same fast neutron flux as the A  
through E series. It may be seen from Fig. 2 and 
3 that the data of both irradiations fall on approxi­
mately the same curves. Thus it appears that the 
total neutron dose is the important quantity.

Role of the Dehydration Reaction.— Although 
the samples were irradiated in a water-cooled hole 
(30-50°), the temperature of the sample may be 
somewhat higher than its environment due to 
radiation heating. However, for the small samples 
and containers (aluminum foil and thin quartz 
tubing) employed here, the temperature would 
not be expected to rise more than a few degrees 
above 50°.

Evidence now will be presented which supports 
the conclusion that the samples were not de­
hydrated during irradiation. Previous studies on 
the dehydration of lead styphnate have been made 
in  vacuo.4a It was observed here that the de­
hydration at 12 0 ° in the laboratory atmosphere 
was approximately * /9 the rate in vacuo. Assum­
ing the same activation energy applies as in  vacuo, 
dehydration would be complete in approximately 
100 and 40 hr. at 90 and 100°, respectively. In 
support of these values, it was found that insig­
nificant dehydration occurred after 12 hr. at 87° in 
an atmosphere of air. Virgin samples exhibit 
zero order dehydration kinetics with respect to

ioo
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Fig. 1.—-The effect of reactor irradiation upon the sub­
sequent thermal decomposition of lead styphnate (222.5°, 
1 mg. P{ =  135 /x). A, 2.2 X  1018 ncm.-2; B, 1.6 X  1018 
ncm.-2; C, 1.1 X  1018 ncm.-2; D, 5.3 X  1017 ncm.-2 ; 
E, 0.7 X_1017 ncm.-2; F, 7.5 X  1017 ncm.-2; G, 1.8 X 
1018 ncm. 2; and U, an uni-radiated sample. The doses 
are total neutron doses; samples G and F have been irradi­
ated with a different ratio of thermal to fast neutrons than 
A -E  (see text).

Fig. 2.—The effect of reactor irradiation upon the maxi­
mum rate and the induction t me of the thermal decomposi­
tion of lead styphnate (222.5°, 1 mg., P t =  135 n). The ap­
proximate neutron fluxes employed for the runs represented 
by the circles are: 4.5 X 1C12 ncm.-2 sec.-1 (total), 1 X 
1012 ncm.-2 sec.-1 (fast), and 2.1 X  1012 ncm.-2 sec.-1 
(thermal) and for the runs represented by the triangles: 
1.3 X  1013 ncm.-2 sec.-1 (total), 1 X 1012 ncm.-2 sec.-1 
(fast), and 6.5 X 1012 ncm.-2 sec.-1 (thermal).

Fig. 3.— The effect of reactor irradiation upon the pres­
sure evolved at the end of an arbitrary time interval (45 
min.) and the rate constant cf phase (b) of the thermal de­
composition of lead styphnate (222.5°, 1 mg., Pi — 135 p). 
The symbols have the same meaning as in Fig. 2.
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TIME ( MIN.).
Fig. 4.— The thermal decomposition of lead styphnate (222.5°): o ,  irradiated as the monohydrate; • , dehydrated 

and rehydrated before irradiation; A, irradiated as the anhydride; (7.5 X  1017 ncm.-2, total); □, unirradiated 
sample.

time whereas rehydrated material shows first- 
order kinetic behavior.4a Two samples were ir­
radiated under similar conditions, one of which had 
been dehydrated and rehydrated prior to irradiation 
and the other was irradiated as the virgin mono­
hydrate; the former showed first-order dehydra­
tion kinetics and the latter exhibited a linear de­
hydration rate (enhanced compared to an unir­
radiated sample). This suggests that the ir­
radiated material was not dehydrated during ir­
radiation. Finally, an X -ray powder pattern of 
irradiated material more closely resembled virgin 
rather than dehydrated (or rehydrated) material.

It might be expected that the gross changes intro­
duced into the salt as a result of dehydration would 
partially mask any effects upon the subsequent 
thermal decomposition of irradiated material. 
Although the details of the pressure-time curves 
differ somewhat, the effect of irradiation (7.5 X  
1017 ncm . -2  (total)) upon the decomposition of a 
sample dehydrated and rehydrated before irradia­
tion closely resembled that of a sample irradiated as 
the virgin monohydrate (Fig. 4). Shown together 
with these data in Fig. 4 is a decomposition curve of 
a sample irradiated in  vacuo as the anhydride; it 
may be seen that this curve also agrees fairly well
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with the other data. This general behavior was 
reproduced for samples irradiated for a total neu­
tron dose of 1.8 X  1 0 18 ncm . -2  (total).

It will be recalled from earlier work4a'b that the 
decomposition of lead styphnate monohydrate de­
hydrated in 0 .8  mm. of water vapor prior to de­
composition differed greatly from the decomposition 
of material dehydrated in  vacuo; the former de­
composition rate was linear, after an induction 
period, to a ~  80%  whereas the latter showed the 
behavior illustrated in Fig. 1 (the unirradiated 
sample). It was of interest to examine the de­
composition of an irradiated sample which had 
been dehydrated in 0 .8  mm. of water vapor after 
irradiation. Figure 5 shows the behavior of an 
irradiated sample dehydrated in this way as com­
pared to a sample irradiated for the same period 
and then dehydrated in  vacuo. It may be seen 
that the irradiated sample, previously dehydrated 
in 0 .8  mm. of water vapor, shows a closely linear 
decomposition rate only to about 2 0 %  decom­
position, at which point an acceleratory period com­
mences. The linear rate is approximately twice 
that of the unirradiated decomposition; the values 
of to, the time intercept, for both unirradiated and 
irradiated samples are comparable. Growth starts 
from opposite faces in the more perfectly crystal­
lized material resulting from dehydration in 0 .8  mm. 
of water vapor.4b The absence of an early gas 
evolution shows that the decomposition of internal 
“ irradiation nuclei”  has not contributed to the 
observed pressure in the early stages of reaction. 
Uni-directional growth, enhanced by the radiation 
damage as it is uncovered, is an unstable condition 
when extensive internal nucleation is present, as 
shown by the onset of an acceleratory period pre­
sumably caused by cracking of the crystal either 
due to escape of internal gas or to extensive internal 
decomposition.

Nature of the Radiation Damage.— It has been 
observed previously that aromatic material ex­
hibits greater stability toward nuclear irradiation 
than does aliphatic material.8 Hence, the relative 
stability of lead styphnate toward irradiation ob­
served here is not unexpected. 7 -Ray irradiation 
of 1.8 X  108 r. was shown to have an insignificant 
effect upon the decomposition curves.4b The 7 -ray 

.dose accompanying the reactor irradiation slightly 
exceeded this for sample C and was less than this 
for sample D. For the purpose of this discussion, 
the effect of 7 -ray irradiation and the resulting 
ionization will be neglected. Nuclear transforma­
tions and atomic displacement can result from neu­
tron capture by N 14, i.e ., N 14 +  n C 14 +  p ; 
atomic displacement also can result from fast neu­
tron knock-on collisions. For 1 mg. of lead 
styphnate monohydrate, an irradiation of 2.2 X  
1018 ncm .~ 2 (total), would result in ^ 6  X  1012 
transformations yielding C 14 atoms with a recoil 
energy of 45,000 e.v. and a corresponding number 
of 0.56 Mev. protons. The recoil of the C 14 
would, of course, immediately rupture the original 
C -N  bond in the C -N 0 2 linkage and the recoil

(8) F. Seitz and J. Koehler, “ Solid State Physics,”  Ed. F. Seitz and
D. Turnbull, Academic Press, Inc., New York, N. Y., 1956, Yol. 2,
p. 305.

carbon subsequently would damage the lattice 
through elastic collisions after sufficient energy had 
been lost through inelastic processes. Similarly 
the ejected protons will produce atomic displace­
ments.

Experimentally, transmutation plus resultant 
processes and fast neutron damage appear to have 
similar efficiency (Fig. 2  and 3). A  very approxi­
mate model predicts fast neutron damage to be 
more effective; the discrepancy probably is due to 
some chemical damage caused by inelastic processes 
resulting from the slowing down of the recoil C 14 
and the ejected proton. In any case, the damaged 
regions are believed to be homogeneously distrib­
uted throughout the material forming “ irradia­
tion nuclei.”  Apparently dehydration does not 
remove any of these nuclei.

Analysis of the Pressure-Time Relationships.—  
The general time sequence of events during the 
decomposition of irradiated samples, dehydrated 
in  vacuo, e.g., Fig. 1, appears to be the same as that 
of unirradiated material, although the relative im­
portance of each phase is altered progressively 
with increasing level of radiation, and consequently 
the appearance of the pressure-time curves has 
been modified. The general sequence of events is: 
(a) an initial evolution of gas, (b) a linear period of 
gas evolution, (c) an acceleratory period, and 
finally, (d) a deceleratory phase which is linear 
over a significant time interval for samples C and 
D , but the linearity disappears as the inflection 
point comes at greater values of the percentage 
decomposition. It is of interest to examine sepa­
rately the influence of radiation upon each of the 
phases of the decomposition.

In unirradiated material, phase a was describa- 
ble by a first-order rate law and was attributed to 
reaction at energetically favorable sites.4b The 
total gas evolved at the end of phase a was inde­
pendent of temperature and depended only upon 
the mass of sample employed . 415 This also was 
true for sample C, whose decomposition was in­
vestigated at a series of temperatures. The pres­
sure developed at the end of phase a for a 1-mg. 
sample is shown as a function of radiation dosage 
in Table I.

T a i  l e  I

E f f e c t  o f  R e a c t o r  R a d i a t i o n  o n  I n i t i a l  G a s  E v o l u t i o n  

a n d  I n f l e c t i o n  P o i n t  ('_ m g . ,  P t  =  135 n ,  22 2 .5 °)

Sample
Pressure (/x) at 
end of phase a

Pressure Ox) at 
end of phase b

Pressure (y .) at 
inflection point

A 11 23 80
B 9 20 74
C 5 -6 14 35
D 2 14 37
E 1 .0 2 .0 33
U 1 .0 2 .0 32

An especially large sample of irradiated material 
(A) was employed to obtain detailed data for the 
early region of reaction (phases a and b), this is 
shown corrected to 1 mg. (197.0°) in comparison 
to an unirradiated run (Fig. 6 ). Because of the 
shortened induction period and the enhanced rates 
of phases a and b, it was difficult to obtain a value 
of P f, the pressure at the end of phase a, and hence
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Fig. 6.— Comparison of the initial stages of decomposition 
of a heavily irradiated sample, (A), and an unirradiated 
sample (197.0°, 1 mg.): o, irradiated sample, 2.2 X  10ls 
ncm.-2 (total) and •, unirradiated sample.

to apply a first-order rate law to phase a. Conse­
quently, the method of initial rates was employed 
to obtain an activation energy of ~ 1 0  kcal./mole 
for sample A  as compared to 31 kcal./mole for un­
irradiated samples; the latter value also was deter­
mined from initial rates and compares favorably 
with the value obtained from first-order rate con­
stants. 4*5 As expected from the magnitude of this 
activation energy, gaseous products were evolved 
Horn sample A  even at temperatures as low as 100° 
'4 /i in one hour with reference to the scale in Fig. 
1 ). Since phase a was not eliminated by dehydra­
tion, it probably can be attributed to reaction at 
active sites formed by irradiation and not to de­
sorption of trapped gases. These sites are be­
lieved to be the “ irradiation nuclei”  and are dis­
tributed throughout the crystal mass.

Following phase a, a period of constant gas evolu­
tion occurs (b ) ; this has an activation energy of 41 
kcal./mole for unirradiated material and was as­
cribed to reaction starting from the surface of de­
hydrated blocks which comprise the anhydride. 
Figure 3 shows the dependence of the rate constant, 
kh, upon the radiation dosage. After a dose of 2.2 
X  1018 ncm .-2, the kb for sample A  has increased 
by a factor of ~  19 (Fig. 3). Activation energies 
were determined from kh for samples A  and C;

the results are shown in Fig. 7 together with the 
results for unirradiated material. The activation 
energies for phase b have decreased with in­
crease of radiation dosage: unirradiated, AE
=  41.0 ±  0.5 kcal./m ole; C, AE  =  36.1 ±  1.1 
kcal./m ole; A, AE  =  36.2 ±  0.6 kcal./mole. 
The rate constants at 222.5° are 6.3, 42, and 119 
X  10~ 2 n min . “ 1 mg . -1  for an unirradiated sample, 
sample C, and sample A, respectively.

In irradiated material it is believed that phase b 
is no longer confined to the surface of the blocks as 
in unirradiated material4*5; it is suggested that de­
composition starts from the “ irradiation nuclei”  
(which decomposed during phase a) producing 
rod-like nuclei which grow internally in one crystal­
lographic direction with a diameter equal to that 
of the original damaged region. Evidence has 
been presented to indicate the anhydride consists of 
at least partially aligned microcrystallites.4b The 
porous structure of the anhydride resulting from 
dehydration in  vacuo allows the gaseous products to 
escape during decomposition. Since decomposi­
tion during the early, linear phase of the irradiated 
and unirradiated samples takes place in different 
regions of the crystal (with different interfacial 
areas) discussion of the relative values of kb 
appears unwarranted.

Phase c represents acceleration from the internal 
rod-shaped decomposition centers formed during 
phase b. Detailed analysis of the acceleratory 
period of heavily irradiated material, e.g., samples 
A, B, and C, is difficult because of the large and un­
certain corrections which must be applied to the ob­
served pressure due to the contributions from the 
preceding phases of the decomposition. Follow­
ing a technique suggested by Hill and Welsh ,9 
functions of d a /d i were plotted against a. How­
ever, the straight line relationships expected for 
simple power or exponential rate laws were not 
found; (the errors due to assigning values of p 0 
and to are eliminated in using this approach). This 
suggests that phase b continues to contribute to 
the pressure during the acceleratory period and as 
the fraction of its contribution at various times 
during phase c is unknown, it seems pointless to try 
to obtain a fit of the p - t  data. In any case, ac­
celeration starts from a larger number of internal 
sites as the radiation dose increases as evidenced 
by the location of the inflection point (Table I). 
This seems compatible with the interesting result 
that the decomposition rate of heavily irradiated 
samples considerably exceeds that of unirradiated 
samples immediately below the detonation tem­
perature of the latter. In unirradiated samples, 
the acceleratory phase must represent decomposi­
tion in much more localized regions of the crystal 
in order for self-heating and detonation to occur. 
This suggests that the chain branching mechanism 
suggested for the decomposition of lead styphnate 
dehydrated in  vacuoib must be localized next to 
the opposite faces from which branching com­
menced, or next to internal surfaces formed by 
cracking due to interfacial strain induced by phase 
b.

(9) R. A. W. Hill and J. N. Welsh, Trans. Faraday Soc., 56, 1059
(1960).
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Mechanism.— The result that dehydration does 
not remove any of the radiation damage with re­
spect to the subsequent thermal decomposition is 
noteworthy. It has been shown that the anhy­
dride and the original monohydrate exhibit dif­
ferent X -ray patterns4a and, therefore, although 
crystallization occurs following dehydration, it 
does not remove or significantly alter the regions 
of radiation damage. This suggests that the 
significant form of radiation damage is irreversibly 
altered styphnate units rather than displaced ions 
and vacancies, e.g., P b ++. This does not seem 
unreasonable since, in contrast to a metal where 
the damage due to displaced atoms and vacancies 
can anneal readily, an atom displaced from the 
complex styphnate ion would result in a chemically

altered species which could decompose further, re­
arrange, or perhaps even polymerize in the regions 
of extensive damage. The very low activation 
energy for the initial gas evolution, ~  10 kcal./ 
mole, must represent decomposition of such chem­
ically altered styphnates since it is unlikely that 
physical changes in the lattice could lower the 
activation energy to such a small value. The 
chemically altered styphnates appear to be stabi­
lized in the lattice in some manner because of the 
stability of the radiation damage and the small 
quantity of gas evolved during irradiation.
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The induction times of the thermolysis reaction Pb(N3)2 ->■ Pb +  3N2 can be reduced by coating Pb(N3)2 with metallic 
silver. This effectis attributed to the catalytic effect of the silver. The induction time of the slow thermolysis in vacuum 
at 240° is substantially the same with 1.0 and 10.0 atom% Ag. Water incorporated into the lead azide during the coating 
procedure reverses the effect of the silver causing a poisoning of the autocatalytic reaction. Mass spectrometric analysis 
shows that the water undergoes a hydrolysis reaction with Pb(N3)2 whereby hydrogen azide is formed. A bridge propaga­
tion mechanism is assumed to occur in the later stages of the decomposition in the mass of crystals to explain some anomalies 
occurring with the silver-coated materials. The sensitization effect of the silver also was found when Pb(N3)2 was ignited 
in air at higher temperatures, although the presence of air caused some anomalies.

Introduction
The thermal decomposition of a-lead azide is 

considered to be an autocatalytic process in which 
the decomposition product— metallic lead— acts 
as the catalyst. 1 In previous work2 it was shown 
that the autocatalytic reaction was suppressed 
when the decomposition was carried out in an at­
mosphere containing water vapor. It was con­
cluded that the water destroyed the lead nuclei 
which are necessary for the autocatalytic reaction. 
On this basis it should be possible, therefore, to 
enhance the autocatalytic reaction by depositing 
metallic lead on the lead azide surface. This is, 
however, difficult to achieve. Therefore, the hy­
pothesis was made that the autocatalytic reaction 
is enhanced not only by lead, but also by any other 
metal. A  confirmation of this hypothesis could be 
found in the work by Hill and Wittenborn ,3 who 
decomposed lead azide in the presence of zinc 
powder. A  sensitization of the lead azide was ob­
tained which was attributed to the catalytic action 
of the zinc. Since in mechanical mixtures the con­
tact between the metal and the lead azide is not 
very good it was decided to use a more intimate 
mixture. One way of preparing such a mixture is to 
precipitate a metal on the lead azide by reducing a 
solution of a salt of this metal. Silver was con-

(1) W. E. Garner, “ Chemistry of the Solid State,”  London, 1955, 
Ch. 7 and 9.

(2) B. Reitzner, J. P h y s .  Chem., 65, 948 (1961).
(3) O. H . H ill and A. F. W ittenborn, Appendix A to Final Report 

DRL-A-125 under A rm y Contract DA-44-099-ENG-2566, Univ, of 
Texas, 1957.

sidered favorable in this respect since its salts can 
be reduced easily.

Materials.— The a-lead azide used for this study had an 
average particle size of about 7 ju. The cationic impurities 
(Na, Cu, Mg, Si, Fe, Ag), as determined by spectral analy­
sis, were less than 0.1%. Silver was deposited on this 
material according to the following procedure: A suspen­
sion of 1.46 g. (0.005 mole) of a-lead azide in 100 cc. of a 9:1 
methanol-water mixture4 5 was stirred for 15 min. A meas­
ured amount6 of 0.1 N  AgN 03 solution was added to the 
suspension. After an additional 10 min. of stirring no silver 
could be detected in the solution (hydrazine as test reagent). 
It was assumed that the reaction Pb(N3)2 +  2AgNOj — 
2AgN3 +  P b(N 03)2 had occurred, and that AgN, was de­
posited on the non-reacted lead azide grains. An excess of 
hydrazine hydrate (0.3 cc.) then was added to this suspen­
sion to reduce the AgNs, and stirring was continued for an­
other 30 min. The samples iarkened in color to a degree 
dependent on the amount of silver deposited. To test 
whether all of the silver azide was reduced, a small portion 
of the sample was shaken with ammonia, the solution filtered 
off, and acidified with HC1. The absence of a precipitate in­
dicated complete reduction.

As a control for investigating the effect of hydrazine hy­
drate alone, a duplicate preparation was made omitting the 
addition of the silver nitrate

The silver-coated batches and the batch treated with 
hydrazine hydrate alone were filtered, washed with 100 cc. 
of 9:1 methanol-water mixture, and sucked to dryness. 
The dry batches were stored :n a lightproof desiccator over 
CaCl2.

The precipitation of silver caused a reduction in the bulk 
density of the lead azide. The values as determined by 
suspending weighed portions of the individual batches in

(4) An aqueous suspension of lead azide yielded a product which was 
not uniform ly coated w ith silver.

(5) The amount of silver nitrate solution was varied depending upon
the amount of silver desired in the final batch. For instance, 0.5 cc. 
was used for the batch containing :.0 atom% Ag.
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Fig. 1.— a-Lead azide coated with 10.0 atom% of silver. 
(Chromium shadow transfer replica, magnification 40,000.)

Fig. 2.— Ignition times (r) vs. atom% silver at various 
temperatures.

methanol in a graduated centrifuge tube and measuring the 
volume of the centrifuged precipitate were 1.0 g ./cc . for 
pure lead azide, 0.45 g ./cc . for lead azide coated with both
1.0 and 10.0 atom% of Ag, and 0.67 g ./cc . for lead azide 
treated with hydrazine hydrate alone. An explanation for 
this phenomenon is given later in the discussion.

Microscopic and electron microscopic examination suggest 
that the silver is precipitated heterogeneously in small dots 
on the surface of the lead azide grains. An electron micro­

graph of a sample coated with 10.0 atom% of silver is shown 
in Fig. 1.

Preliminary Experiments.— It was conceived that the 
effect of a metal on the autocatalytic decomposition of lead 
azide should be evident not only in slow thermolysis, but 
also in the relatively fast decomposition associated with its 
thermal ignition. As a preliminary experiment, therefore, to 
examine the underlying assumption of the autocatalytic 
thermal behavior of lead azide, it seemed profitable to ex­
plore the ignition behavior of the silver-coated material.

Ignition tests then were carried out in air using a series of 
lead azide preparations coated with varying amounts of Ag. 
The apparatus consisted of a hot plate and an electronic 
timing mechanism. When a sample of lead azide (appr. 3-4 
mg.) was dropped on the hot plate, a light beam directed 
across the hot plate surface was broken. The light fluctua­
tion was detected by a photocell actuating a timing device. 
The light emitted by the explosion of the sample then was 
used to stop the timing device. The ignition times (average 
of 20 shots) vs. percentage of silver at various temperatures 
are shown in Fig. 2.

It can be seen that the ignition times drop to a minimum 
value at about 1.0 atom% of Ag and then increase again to 
values which are equal or higher than those of the untreated 
material at silver concentrations of 10.0 atom%.

This sensitization effect at the low silver concentrations 
also is evident in terms of the ignition probability at 351°. 
The corresponding values are given in Table I for the various 
silver concentrations used.

T a b l e  I
I g n it io n  P r o b a b il it ie s  a n d  T im e s  a t  351° f o r  V a r io u s  

S il v e r  C o n c e n t r a t io n s

Atom % Ag
o .o

.25

.50

.75
1.00
2.5
5.0

10.0

% Explosion 
(20 shots)

0
10
40

100
100
90
40
0

Ignition time, see. 
co

4.97 
4.93 
3.68
2.98 
3.40
4.14

Both experiments indicate that silver in small amounts 
acts as a catalyst in accelerating the reaction leading to ex­
plosion. However, at larger concentrations this catalytic 
activity is hidden by a reverse effect attributed to the heat 
sink properties of the added silver. In addition, during 
the increased time required for heating the sample to the hot 
plate temperature, it is possible that oxygen and moisture of 
the air react to destroy the lead nuclei necessary for growth of 
the reaction leading to explosion.

Some attention has been paid to the reactions occurring 
when lead azide is heated in air at normal humidity below 
its ignition temperature. Todd6 reported the successive 
formation of two basic lead azides and finally lead oxide at 
240°. The two basic lead azides also were reported by 
Stammler, Abel, and Kaufman7 when the decomposition 
was carried out at 200°. Stammler and Abel8 observed the 
X-ray structure of the second basic lead azide from a lead 
azide sample which had not exploded after 3 min. in air at 
350°. The first basic lead azide also was found when lead 
azide was decomposed under humid nitrogen at 240°,2 in­
dicating that oxygen probably is not the important factor in 
the conversion of lead azide to the basic lead azide. The 
first basic lead azide as judged from the analytical values of 
Todd and the weight loss curves of Stammler, et al. is prob­
ably PbiN sYPbO . An investigation of the formula of the 
second basic azide presently is underway. Due to the re­
duced azide content these compounds are less likely to ex­
plode at the temperatures used in the present experiments.

The results of ignition tests lent credence to the assumption 
that the addition of a metal catalyzes the decomposition of

(6) G. Todd, Chem. & Ind. (London), 1005 (1958).
(7) M. Stammler, J. E. Abel, and J. V. R. Kaufman, Nature, 185, 

456 (1960).
(8) M. Stammler and J. E. Abel, “Advances in X-Ray Analysis/' 

Vol. 4, New York, N. Y., 1960, pp. 130-138.
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the lead azide, as evidenced by the reduction of the induction 
periods. It was felt, however, that more comprehensive 
results could be obtained if the experiments were carried out 
at lower temperatures to obtain complete decomposition 
curves instead of ignition times only. It also was consid­
ered necessary to carry out the decomposition in a vacuum to 
eliminate the effect of the surrounding atmosphere. The 
criterion for a sensitization of the lead azide by the addition 
of a metal then would be a reduction of the induction period 
and an increase in the rate of the reaction.

Thermal Decomposition under Vacuum. Experimental 
Procedure.— The vacuum system shown in Fig. 3 was used 
for performing the experiments.

The samples of 6 mg. average weight (each individual 
sample was weighed accurately to ±0 .02  mg.) were placed 
in a Pyrex tube which was sealed to the vacuum system. 
The increase in pressure was detected by a Pirani gage in­
corporated in a Wheatstone bridge circuit with a millivolt- 
meter as the measuring instrument. The system was 
pumped down to better than 5 X 1(D6 mm. The final pres­
sure upon completion of the decompositions ranged as high 
as 2.5 X  10_1 mm. The Pirani gage was calibrated by ad­
mitting small known volumes (v0 =  0.0446 cc.) of nitrogen 
into the system. The volume of the system ( V =  4600 ±  
20 cc.) was determined by comparing the volume of nitrogen 
admitted to the system via the gas inlet at atmospheric pres­
sure with the pressure measured by the McLeod gage. A 
trap was provided in order to freeze out the condensable 
gases evolved during the decomposition. After the sample 
tube had been sealed to the system, the system was evacu­
ated for 5 hr. and kept overnight with stopcock S closed to 
determine the rate of leakage. The rate of leakage was equal 
or less than 10-3 cc./hr., corresponding to about 0.07% de­
composition (based on a sample weight of 6 mg.). Pumping 
was continued for 1 hr. the following day, and stopcock S 
closed. The samples then were heated by means of a liquid 
metal bath into which the sample tube was immersed. All 
experiments were carried out at 240 ±  0.5°. Toward the 
end of the decomposition the temperature was increased to 
300° in order to obtain the final value a a within a period in 
which the increase in pressure due to leakage was still 
negligible. The readings of the millivoltmeter (5 mv. range 
for the early stages, and 100 mv. for the main reaction) were 
converted into fractional decomposition a, and plotted 
against time of decomposition t. The samples investigated 
consisted of untreated lead azide, lead azide coated with
1.0 and 10.0 atom% Ag, respectively, (these two batches 
yielded minima and maxima in the ignition tests), and lead 
azide treated with hydrazine hydrate alone.

Results
The decomposition curves for untreated lead 

azide are given in Fig. 4.
Curves la  and lb  were obtained without cooling 

the trap. Although the controllable parameters 
were the same, the reproducibility is poor. The 
decomposition as expressed by curve 2  was carried 
out by cooling the trap with liquid nitrogen after 5 
min. This had the effect that the pressure, which 
was 1.5 X  10_2 mm. after this short period, went 
back to about 5 X  10 ~5 mm. Curve 3 was obtained 
by cooling from the beginning and then removing 
the liquid nitrogen dewar after 2 hr., 2  min. The 
last two samples (curves 2 and 3) exploded at frac­
tional decompositions (a ) of 0.25 and 0.47, re­
spectively. Other samples which are not shown be­
haved in the same way when the trap was cooled 
with liquid nitrogen. This same explosive effect 
also could be achieved if the gaseous decomposi­
tion products were pumped off in the early stages of 
the decomposition.

Figures 5, 6 , and 7 show the respective decomposi­
tion curves obtained with lead azide coated with
1.0 and 10.0 atom %  of Ag, and of lead azide treated 
with hydrazine hydrate alone.

In all cases where hydrazine hydrate had been in

Fig. 4.— Decomposition curves for untreated Pb(Na)2 
(T  = 240°).

ror

Fig. 5.— Decomposition curves for Pb(Na)2 +  1.0 atom %  Ag 
(T  =  240°).

contact with the lead azide, either as a reducing 
agent for the silver (Fig. 5, 6 ), or in the blank (Fig. 
7) the initial increase in pressure due to the conden­
sable gases is significantly larger than with the un­
treated material. Five min. after the decomposi­
tion had started, the corresponding values, expressed 
in terms of fractional decomposition, were 0.06- 
0.08 and 0.007, respectively. Decomposition in the 
absence of liquid nitrogen cooling, in all those cases 
(curves 4, 8 , 12), did not show an acceleration of 
the reaction. Furthermore, removal of the liquid 
nitrogen dewar during the acceleratory period re­
sulted in a reduction of the reaction rate and in a
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Curve

Table II
Param eters of  D ecomposition C urves

(da/di) max X 102
N o . M a t e r i a T r e a t m e n t min. 1 U «CO

la Pb(N3)2 Without liquid nitrogen 1.85 2 hr., 25 min. 0.94
lb Pb(N3)2 Without liquid nitrogen 2.08 4 hr., 45 min. .96
2 Pb(N3)2 Without liquid N2 for 5 min. 2 .5 “ 2 hr., 15 min. (.2 7 )“
3 Pb(N3)2 Liquid N2 on from beginning, removed

after 2 hr., 2 min. 2 . 0 “ 1 hr., 40 min. (.4 7 )“
4 Pb(N 3) +  1.0 atom% Ag Without liquid N2 0.0033 >22 hr. ( . 2 0 ) ”

5 Pb(N3) +  1.0 atom% Ag Liquid N2 on after 5 min. . 5 6 44 min. .80
6 Pb(N3) +  1.0 atom% Ag Liquid N 2 from beginning 1.37 45 min. . 8 2

7 Pb(N3) +  1.0 atom% Ag Liquid N2 on from beginning, removed
after 1 hr., 2 min., put on after 1 hr., 15
min. 0.83 37 min. .81

8 Pb(N3)2 +  10 atom% Ag Without liquid N2 0.0019 >5 hr. (.1 2 )'
9 Pb(N3)2 +  10 atom% Ag Liquid N2 on after 5 min. 1.15 38 min. .83

10 Pb(N3)2 +  10 atom% Ag Liquid N2 on from beginning 1.17 35 min. .81
11 Pb(N3)2 +  10 atom% Ag Liquid N2 on from beginning, removed

after 55 min., put on after 1 hr., 20 min. 1.10 43 min. .81
12 Pb(N3)2 +  N2H6OH Without liquid N2 0.0020 >22 hr. (.27)"
13 Pb(N3)2 +  N2H6OH Liquid N2 on after 5 min. .76 3 hr., 13 min. .85
14 Pb(N3)2 +  N2H6OH Liquid N2 on from beginning .82 4 hr., 15 min. . 8 9

"  Last value measured before explosion. b Interrupted after 22 br. ‘  Interrupted after 5 hr.

Fig. 6.— Decomposition curves for Pb(N3)2 +  10.0 atom % 
Ag (T  =  240°).

i.0r

shifting of the curves (7, 11) towards longer times. 
Although the induction times ¿¡ for the silver-coated 
materials are shorter than those for the untreated 
lead azide, the maximum rates (d a /d ()max are 
smaller and comparable to those of the samples

treated with hydrazine hydrate alone. The induc­
tion time was arbitrarily defined as the time after 
which the reaction rate of the acceleratory reaction 
(not of the outgassing reaction observed in the ab­
sence of liquid nitrogen cooling) reached a value of 
10~ 3 min.-1. The corresponding values are listed 
in Table II together with the maximum rates and 
the final degree of d ecom p osition ^ ). The figures 
for a „  are lower in all cases where hydrazine 
hydrate was involved (this of course includes the 
samples containing silver).

The initial stage of decomposition (up to a  =  
0.05) for the various samples is shown in Fig. 8 . 
(The numbers of the curves correspond to the 
numbers in Fig. 4-7.)

This figure shows quite clearly that the induction 
period with the silver-coated materials is consider­
ably reduced, if the initially evolved gases are frozen 
out. In the initial stage of the decomposition 
these curves are reproducible, which is not the case 
for the untreated material (curves la, 2, 3) and the 
material treated with hydrazine hydrate (curves 
13, 14).

The condensable gas released shortly after lead 
azide was heated had the effect of delaying or even 
suppressing the autocatalytic reaction. It seemed, 
therefore, advisable to investigate its composition. 
Previous results2 suggested that the gas was a mix­
ture of water and hydrogen azide, the latter being 
formed in a hydrolysis reaction between lead azide 
and water trapped originally in the crystals. In 
order to confirm these earlier observations, 27.7 
mg. of lead azide were heated under vacuum at 240° 
for 4 min., and the gas evolved (appr. 2.7 X  10-2  
cc. at s.t.p.) was trapped with liquid nitrogen. 
When the liquid nitrogen dewar was put in place, 
the pressure dropped to about 4%  of the value be­
fore the trap was added. The vial with the con­
densed gas then was sealed off and analyzed by mass 
spectrography, together with a control sample of 
hydrogen azide obtained by the following proce­
dure: A  bulb containing concentrated sulfuric acid
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and sodium azide in separate compartments was 
sealed to the vacuum system and evacuated. The 
sodium azide then was dumped into the acid and the 
evolved hydrogen azide was trapped in a second 
vial by freezing with liquid nitrogen. The results 
of the mass spectrometric analysis are given in 
Table III.

T a ble  III
R esults of M ass Spectbometbic A nalysis

Relative intensities (mass 43 =  1.00)
Mass-charge ratio Gas from Pb(N3)ï Hydrogen azide

12 0.13 0.02
14 1.34 .80
15 0.71 .75
16 .36 .11
17 .43 .28
18 1.41 .89
28 25.5 10.9
29 0.57 0.41
30 .36
42 .10 0.09
43 1.00 1.00
44 1.90 0.26
46 0.02

The results indicate that the condensable gas
evolved from the lead azide consists mainly of hy­
drogen azide. The parent molecule (mass 43) is 
fragmented in the electron beam of the mass 
spectrometer. Mass 28(14N 2) is the most frequent 
fragment; it cannot be attributed to gaseous 
nitrogen originally present in the gas mixture be­
cause the sample contained a condensable gas. 
The other fragments related to the parent molecule 
HN, are mass 14 ( 14N ), 15 (NH), 29 (HNN and 
14N 14N ), and 42 (N 3). Mass 18 and 17 are attrib­
uted to water. They appear in the gas from Pb- 
(N 3)2 as well as in the hydrogen azide control 
sample. It is not quite clear why they are observed 
in the latter case unless one assumes that there is a 
finite water vapor pressure over H 2S 0 4 or that water 
is desorbed from the walls of the vacuum system and 
condensed in the trap. In the first case where we 
find a greater intensity in mass 18 and 17 the dif­
ference may be attributed to the residual water in­
volved in the hydrolysis reaction which will be 
described later in the discussion.

The remaining peaks of the pattern may be at­
tributed to impurities. C 0 2 can account, in de­
creasing intensity, for mass 44, 16, 28, and 12.9 
Both lead azide and sodium azide may contain a 
surface layer of the carbonate of the respective 
cation, and CO2 then is formed by the decompo­
sition of the carbonate, either thermally as in the 
first case (P bC 03) or by the reaction with H2SO4 as 
in the second case (Na2C 0 3).

The other impurity is most likely NO2 which, in 
decreasing intensity, shows the mass numbers 30, 
46, 16, 14, 28.10 It appears only in the gas evolved 
from Pb(N 3)2, and it is most likely that it is the de­
composition product of lead nitrate used for the 
preparation of lead azide.

(9) Am. Petroleum Res. Inst., Mass Spectral Data, Res. Project 44f 
Ser. No. 157, 1948.

(10) R. A. Friedel, A. G. Sharkey, Jr., J. L. Shultz, and C. R. Hum­
bert, Anal. Chem., 25, 1314 (1953).

Discussion
All reactions encountered in the present experi­

ments are characterized by the initial evolution of 
the condensable gas mixture which consists mainly 
of hydrogen azide. It is unlikely that hydrogen 
azide is present in the unheated starting materials. 
Previously2 it has been found that hydrogen azide 
was formed in a hydrolysis reaction between water 
and lead azide. The lead azide was converted into 
a basic lead azide (probably Pb(N 3)2-PbO)

2Pb(N3)2 +  H20  Pb(N ,)2-PbO +  2HN, (1)

This reaction could proceed to measurable amounts 
of basic lead azide, because water was mainly 
supplied from an external source. A  smaller portion 
could be attributed to water which either was ad­
sorbed on the lead azide crystals or was present in a 
chemically bound form. Only the latter case need 
be considered in the present experiments. The 
presence of chemically bound water was established 
by Feitknecht and Sahli, - 1 who obtained basic lead 
azides of the general formula :rPb(N3)2-yPbO- 
zH20 12 when they treated P b(N 3)2 with alkaline 
solutions, and to a smaller extent even with water. 
The above phenomena are important in explaining 
the results of the present work. It is assumed 
that the lead azide used :or this work initially was 
covered with a surface layer of these hydrated basic 
azides, and that the treatment with hydrazine 
hydrate, which is a base, further increased the 
amount of this surface layer.

By heating the samples to 240° both physically 
adsorbed water and water from the hydrated azide 
were released in a very short time and reacted with 
excess lead azide according to the above equation. 
This gives rise to the outgassing peaks previously 
discussed, their heights being proportional to the 
amount of hydrated basic lead azide, which is 
greater for samples treated with hydrazine hydrate.

Now it has been shown previously2 that the 
autocatalytic reaction

Pb(N3)2 — Pb +  3N2 (2)

is poisoned in the presence of a hydrogen azide-
(11) W. Feitknecht and M. Sahli, Helv. Chim. Acta, 37, 1423 

(1954).
(12) The formula was Pb(N3)r PbCMO. 4-0.8) H2O when water or 

small amounts of alkaline solut.on were used. By increasing the 
amount of the alkaline solutions, higher PbO:Pb(Nt)j ratios (up to 
9:1) were obtained.
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water mixture. Both hydrogen azide and water can 
react with the lead nuclei which are necessary for 
the catalytic acceleration of the reaction. This 
observation is confirmed by the present data. In 
the case of the untreated lead azide where the ini­
tial gas evolution is low (a =  0.007) the auto- 
catalytic reaction cannot be stopped completely. 
However, the induction time becomes longer than 
in the case where the hydrogen azide-water mix­
ture has been frozen out. In addition, the reaction 
rate is lower and the sample does not explode. In 
all cases where the initial gas evolution attributable 
to the hydrazine hydrate treatment and the ensuing 
formation of hydrated basic lead azide was high 
( a  =  0.06-0.08), a complete poisoning of the auto- 
catalytic reaction was observed if the gasses were 
not frozen out. This poisoning effect occurs also 
when the liquid nitrogen is removed at higher con­
versions, permitting the hydrogen azide-water mix­
ture to exert its influence on the lead azide. We 
then observe a reduction of the maximum reaction 
rate and a shift of the curve toward longer times 
(curve 7, Fig. 5; curve 11, Fig. 6).

The decomposition of all samples where hydra­
zine hydrate was involved was less complete (am 
around 0.85) than the decomposition of the un­
treated lead azide (a „ around 0.95). This is at­
tributed to the presence of the basic lead azide 
which, due to its lower azide content, is less likely to 
decompose, even at 300°.

When the hydrogen azide-water mixture is re­
moved from the silver-coated samples, the silver 
shows its catalytic activity. The induction periods 
become smaller than those of the untreated mate­
rial. In the initial stages of the reaction the curves 
are practically identical regardless of whether the 
amount of silver is 1.0 or 10.0 atom %. This sug­
gests that it is not the amount of the external cat­
alyst that is important, but the contact area be­
tween the silver grains and the lead azide, which 
should be not much different for 1 and 10 atom %  of 
Ag for the following reason: After the first silver

azide has been formed on the lead azide surface, it 
is more likely that further silver azide is deposited 
on its own lattice than on new sites on the lead azide 
surface. This arrangement will not be changed 
when the silver azide is reduced to metallic silver.

The good reproducibility of the curves for the 
silver-coated samples in the initial stage of decom­
position as well as the sudden rate increase (Fig. 
8 ), which cannot be observed in either the un­
treated or the hydrazine-treated material, are not 
inconsistent. Upon completion of the outgassing 
process there exists a relatively large metal-lead 
azide interface in the silver-coated samples. In 
the other cases this interface will have to be formed 
by the creation and growth of lead nuclei. Ob­
viously the area of the preformed interface with the 
silver-coated samples is appreciable and permits 
good reproducibility of the curves and a high rate of 
reaction in the initial stage.

It must be pointed out that the maximum rate is 
smaller with the silver-coated samples than with the 
untreated lead azide, in contrast to the respective 
behavior in the initial stage as pointed out above. 
It is assumed that two different propagation mech­
anisms are operating. In the early stages the reac­
tion front originating from the metallic nuclei is 
confined to the individual lead azide grains. Later 
the growing metal specks come into contact with 
still undecomposed portions of adjacent lead azide 
grains, and the reaction propagates via a bridge 
mechanism.

Due to the treatment with hydrazine hydrate the 
silver-coated samples are covered with a surface 
layer of basic lead azide. Furthermore, the silver 
grains on the surface separate the individual lead 
azide crystals, which results in the reduction of the 
bulk density, as has been found. Both factors re­
duce the probability of the bridge mechanism oc­
curring. This is not the case for the untreated lead 
azide, and the bridge mechanism can contribute to 
the reaction rate so as to result in an explosion.

MONONUCLEAR AND POLYNUCLEAR COMPLEX FORMATION BETWEEN 
IRON(II) AND 2,3-DIMERCAPTO-l-PROPANOL

By  D. L. Leussing1 and Jerrold Jayne

Department of Chemistry, University of Wisconsin, Madison, Wis.
Received August 24, 1961

Iron(II) and 2,3-dimercapto-l-propanol ions react to form intensely colored dark red polynuclear complexes conforming 
to the series, DM P(FeD M P)„“ , and a mononuclear complex, Fe(D M P)j", which has a less intense red color. The forma­
tion constant for Fe(D M P)2-  was found to be about 6 X  10+16 in 0.10 M  potassium chloride at 30°.

Recent investigations have shown that mereap- 
tide containing ligands form polynuclear complexes 
with some of the divalent metal ions of the first 
transition series. These polynuclear complexes can 
be characterized using the “ core plus links”  postu­
late of Sillen. 2 The bidentate monothiols ¡3-

(1) To whom inquiries should be addressed at the National 
Bureau of Standards, Washington, D, C.

(2) L. G. Sillen, Acta Chem. Scand., 8, 299, 318 (1954).

mercaptoethylamine8 and mercaptoaeetate4 react 
with nickel (II) to form complexes belonging to the 
series N i[N i(RS)2]n2~2” while 2,3-dimercapto-l- 
propanol (D M P) forms complexes of the type 
D M P (M D M P )„= where M  is zinc(II) 6 or nickel

(3) D. C. Jicha and D. H. Busch, 135th National Meeting of the 
American Chemical Society, Boston, Mass., April, 1959*

(4) D. L. Leussing, R. E. Laramy, and G. S. Alberts, J. Am. Chem. 
Soc., 82, 4826 (1960).
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(II ) .5 6 Mercaptide ions act as bridging groups in 
these polynuclear complexes and a feature has been 
postulated to be d,d-7r bonding where electrons are 
donated from the metal ion d orbitals to the vacant 
sulfur d orbitals.5-7 In this respect it is significant 
that manganese(II) ions with only a half-filled d 
shell were found not to form polynuclear species 
under comparable conditions where the nickel (II) 
and zinc (II) complexes obtain.

We have undertaken the present study of the 
iron (II)-D M P  system to characterize further the 
properties of the mercaptide complexes with the 
divalent metal ions of the first transition series; 
in particular to determine with which of the di­
valent metal ions in the series Mn to Zn the onset of 
polynuclear complexes occurs under the conditions 
used in these studies. The results which we ob­
tained for this highly air-sensitive system were not 
as precise as those which were obtained for the 
zin c(II)-D M P  system. However, conclusions of a 
semi-quantitative nature could be drawn.

Experimental
Ferrous chloride stock solutions, approximately 0.1 M , 

were prepared freshly for each series of experiments by dis­
solving C.p. iron powder in a slight excess of hydrochloric 
acid under a nitrogen atmosphere. After completion of the 
reaction (24 hr. with continual agitation or several days with 
frequent shaking) aliquots of the solutions were analyzed for 
iron and chloride. The difference between the chloride as 
ferrous chloride and the total chloride was taken as the excess 
of hydrochloric acid concentration.

To study the complexes, the techniques and procedures 
used were essentially the same as those used earlier.5 The 
titration-pH method was used but each point on the titra­
tion curve was the result of a single batch-wise experiment 
because of the necessity of equilibrating many of the solu­
tions with a solid phase, the high sensitivity of the system to 
oxygen, and the general sluggishness of D M P systems. Two 
levels of iron concentration were used, approximately 2.5 
or 5 m l .  The D M P concentration in each experiment was 
maintained at a level that was two or three times that of the 
iron. The required volumes of ferrous chloride, DM P, and 
standard potassium hydroxide solutions were mixed under 
air-free conditions with sufficient water and potassium chlo­
ride to bring the final volume to 100.0 ml. and be 0.100 M  in 
potassium chloride. After equilibrating at least 36 hr. in a 
water bath at 30° the pH of each solution was determined.

Values of ñ  and (D M P - ) were calculated using the equa­
tions

D M Pt - r  i + — +
■Kla-R̂ al r2D M P t -  OHt +  [OH -] -  [H + n

OH2 J 2 - f  —
&H

(D M P - ) K laK*
Oh2

~2DMPt -  OHt +  [OH -] -  [H+T

2 + K J» 
an

(2)
where the subscript t designates the initial analytical con­
centration of the substance indicated, the quantities in 
parentheses refer to equilibrium concentration, and an re­
fers to the hydrogen ion activity as calculated from the 
measured pH. The value of OHt was corrected for the ex­
cess acid in the ferrous chloride solutions. The values of 
Xia and I w  were determined to be 2.03 X 10-9 and 1.91 X 
10_u, respectively, in 0.100 M  potassium chloride at 30.0°.

It should be noted that the assumption was made in the 
derivation of eq. 1 and 2 that both thiol protons of a com- 
plexed D M P molecule are replaced. Also the value of n so

(5) D. L. Leussing and T. N. Tischer, J. Am. Chem. Soc., 83, 65 
(1961).

(6) D. L. Leussing, ibid., 80, 4180 (1958).
(7) J. Chatt and F. A. Hart, J. Chem. Soc., 2807 (1960).

Fig. 1.— Complex formation in the region n >  1.00: y =  
2 -  n; x =  —log (D M P - ) -f  log Fet; A, Fet =  1.98— 2.05 
X 1 0 M ; O, Fe, =  5.16 X 1 0 M ; □  Fet =  5.80 X 
10 ~3 M.

calculated is the average for the solution and solid phases 
when both are present. The results for n <  1 are given in 
Table I and those for n >  1 are given in Fig. 1 as a plot of y, 
which equals 2 — n, vs. x, which is —log(DM P- ) +  log[Fe]t.

T able I
T he A pparent V alues for the Solubility P roduct,

Kao = (Fe + +)(DM P=) Asp X 10+ 13
Fet
M

X  H P

DMPtj
M

X  I O 5

OHt
U

X  1 0 s pH
-log

;d m p -> n
F e :

DMP"
1:1

F e :
DMP-
1:1.2

2.01 5.77 0.31 5.73 10.20 0

00o

1.2 1.1
2.01 3.46 0.31 5.89 10.12 .08 1.4 1.4
4.76 15.00 1.77 5.52 10.22 .17 2 .4 2.4
5.80 14.58 2.00 5.62 10.04 .20 4.4 4.5
4.76 15.00 3.67 5.70 9.89 .38 2.6 4.1
2.01 5.77 1.81 6.23 9.26 .45 6.0 6.9
5.16 15.00 5.16 5.78 9.76 .50 4.9 5.2
4.76 15.00 5.57 6.01 9.30 .58 10 12
5.16 15.00 7.15 5.99 9.37 .69 6.8 9.4
4.76 15.00 6.99 6.10 9.15 .73 8.9 13
2.01 5.77 3.30 6.59 8.62 .80 8.3 15
2.01 3.46 3.30 6.82 8.52 .81 12 19
2.04 3.59 3.34 6.76 8.61 .81 9.2 16
4.76 15.00 8.42 6.24 8.90 .88 6.9 16
1.98 3.60 3.62 6.97 8.22 .91 10 28

Results and Discussion
Qualitatively, the fol.owing behavior was ob­

served. At the lowest value of n  (0.08) a small 
amount of precipitate was obtained and the solution 
was tinged faintly red. As n  increased both the 
amount of precipitate and the color intensity of the 
supernatant liquid also increased. The solutions 
were dark red at n  values around 0 .8  and from visual 
observations no changes in color intensity occurred 
from this point until n  attained a value greater than 
1.4. Above this value the color intensity decreased 
with increasing n  until at n  equals two the color 
had changed from a dark red to a light red. No 
further color change occurred as the solutions were 
made more basic except in the most alkaline solu­
tions (pH 11), where a slight yellowish tinge was 
assumed by the red solutions. The precipitate ap­
peared to be absent at n equal to 1.2 and greater. 
As in the case with zinc (II), it is necessary to know 
this transition point in order to calculate the sta­
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bility constants, but because of the deep color it was 
not possible to determine visually the point at 
which the turbidity disappeared. This point was 
taken as the minimum value of ft where centrifuging 
failed to bring down solid material.

The ft values in Table I and as implied in Fig. 1 
are seen to depend on both the (D M P” ) concentra­
tion and the level of iron. This behavior is ex­
pected where the solution species are in equilibrium 
with a solid phase but when the solid phase is absent 
polynuclear complexes are indicated. Polynuclear 
complexes also are suggested by the observations 
described above, since if only mononuclear com­
plexes were formed a progressive color decrease 
should be noted with increasing values of ft begin­
ning at 1 .0 0 .

The data in the region ft >  1 will be discussed 
first since their treatment is the most straightfor­
ward and the results are similar to those observed 
with the zin c(II)-D M P  system. In Fig. 1 the 
points which would fall along separate curves in 
the usual plot of ft vs. —log (D M P” ) are seen to 
fall aproximately along the same curve regardless 
of the iron level. This is in agreement with the be­
havior expected for the formation of a “ core plus 
links”  series D M P-(FeD M P)„” . Employing the 
curve fitting methods2'6 a curve was fitted to the 
points in Fig. 1 using the relationship qn =  q0qn 8 
with q0 equal to 2 .0 , yielding a value of q equal to
1.3 X  10-4. The solid line in Fig. 1 represents the 
curve calculated using these values of qn and q. 
This is the same relationship that was found to 
describe the behavior of the zinc(II) polynuclear 
complexes but in this latter case values of qa and q 
equal to 1.5 and 1.4 X  10-6  were obtained. Since 
the shape of the curve in Fig. 1 depends on q0, the 
nearly identical q values show that for a given de­
gree of complexing the distribution of the various 
species is about the same in the iron (II) system as 
with zinc (II). Thus, as was shown with zinc (II), 
complexes containing a fairly large number of 
iron(II) ions (up to about eight) are appreciably 
stable in the solution phase. The absolute stabili­
ties of the iron (II) complexes are, of course, lower 
than those of zinc(II).

As n  approaches infinity, the ratio of Fe:D M P 
in the polynuclear complexes approaches 1 : 1. 
This yields a neutral species which most likely 
comprises the solid phase as was demonstrated with 
nickel(II) 6'9 and zinc(II) .6 On the basis of this 
assumption values of the solubility product, (Fe++) 
(D M P” ), were calculated for the two extremes; 
(a) ferrous and D M P “  ions combine in a 1:1 ratio 
and with regard to the unprecipitated iron the 
concentrations of polynuclear species are negligible 
compared to that of free ferrous ions; (b) ferrous 
and D M P”  ions combine in a 1:1.2 ratio10 and the 
complexes are in equilibrium with a minute but 
negligible amount of solid FeDM P. The apparent 
values of K ap are given in Table I. It is seen that

(8) The quantity qn is the equilibrium constant for the reaction 
(n +  l)Fe(DMP)2" ^  DMP-(FeDMP)r +  « DMP“ .

(9) P. Zuman and R. Zumonova, Tetrahedron, 1, 289 (1957),
(10) In the presence of solid FeDMP, the equilibria (n -p 1) 

FeDMPg’DMP*(FeDMP)«“  +  Fe + + hold. Therefore, the ratios of 
the concentrations of the various divalent species are constant as long 
as solid is present and the average composition of the complexes in 
solution also remains constant.

for neither case constant values are obtained. In 
the lowest pH range the “ constants”  become 
smaller with decreasing pH. W e have not been 
able to account quantitatively for the drifting 
“ constants”  but a reasonable explanation lies in 
the formation of protonated complexes, which are 
not taken into account in eq. 1 and 2. This com­
plication does not present a major difficulty be­
cause the results indicate that protonated species 
are absent in the region ft >  1. These species then 
must disappear as ft approaches 1 from the low 
side. Therefore, eq. 1 and 2 should give increasingly 
more valid results as ft increases and the true value 
of A sp should be approached in the limit and 
bracketed by the apparent values calculated for 
(a) and (b).

A  system in which the over-all value of n equaled 
0.73 was analyzed and it was found that about one- 
half the iron had precipitated from solution, pre­
sumably as the 1:1 neutral complex. This result 
indicates that a closer description of the system is 
given by case (a). Further evidence favoring this 
conclusion lies in the fact that the A 0p values cal­
culated for case (a) appear to lie randomly scattered 
about a common value in the higher ft region, while 
those values calculated for case (b) continue to in­
crease with increasing ft. Accordingly, we esti­
mate the value of K ap to be about 10 X  10-13.

The value of Q2, the constant for the equilibrium 
Fe++ +  2D M P”  Fe(D M P)2” , was calculated to 
be 6  X  10+ 15 using the equation Q2 — veo\/qK9p. 
The value of rsoi was obtained from the data for 
those solutions where the solid phase just redissolves 
(ft equals 1.2). The method of calculation is de­
scribed in ref. 5. A  rough estimate of 5 X  10+16 for 
Qi can be made using the results 3 X  10+ 10 and 2 
X  10+ 23 for the formation of M n(D M P )2”  and 
Zn(D M P)2=.u Although the agreement between 
the two results for Q2 is only fair, at least some as­
surance is given that the experimental value of Q2 
is of the correct order of magnitude and therefore 
the assumptions made in its calculation are valid to 
a first approximation.

The constant for the reaction 2Fe++ +  3D M P ”  
Fe2(D M P )3= is calculated to be about 10+28. 

That for the formation of Zn2(D M P )3”  is about 
4 X  10+40. The ratio of the one-fourth root of the 
constant for Fe2(D M P )3= to the one-fourth root of 
that for Zn2(D M P )3”  is about 1 : 1 0 +3. For the 
monomeric bis-D M P complexes of iron (II) and 
zinc (II) the ratios of the square roots of the forma­
tion constants is also about 1 :10+3. From this 
comparison it appears, at least within the limita­
tions of comparing constants for reactions in which 
different numbers of particles are involved, that the 
low result for Fe2(D M P )3= is due to nothing more 
than those factors which normally operate to give a 
lower stability of iron(II) complexes relative to 
those of zinc (II).

The relatively strong absorption of the poly­
nuclear species relative to the mononuclear sug­
gests that 7r-bonding also occurs in the iron (II)- 
D M P system. If so, the parallel decrease in the 
stabilities of the polynuclear and mononuclear 
complexes in going from zinc (II) to iron (II) can be

(11) D. L. Leussing, Talanta, 4, 264 (1960).
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explained as a manifestation of the “ synergistic 
effect” 12 existing between <7 and r  bonds.

(12) L. E. Orgel, “An Introduction to Transition Metal Chemistry,“ 
John Wiley and Sons, New York, N. Y., 1960.
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Studies have been made of the ionization constants of a variety of weak acids in the solvents H20  and D20  by glass elec­
trode or by conductometric procedures. Emphasis has been on acids which in either the acic or conjugate base form would 
be expected to form intramolecular hydrogen bonds. These data, when combined with data of other workers, offer support 
to the proposal that for weak acids in general (p A DA — j>Ku a ) increases with pK Ba- However, the data also support 
the suggestion that the reference line of such a correlation is different for acids of different types. Several of the present 
results are consistent with earlier studies on maleic acid in that intramolecular hydrogen bonding, relative to bonding to 
the solvent, appears to be weaker for deuterium than for hydrogen. However, there are enough exceptions to this rule to 
suggest that a true picture will not be obtained without more explicit consideration of the nroperties of particular solutes 
as well as of the solvent differences in the two cases.

Reasons for interest in the relative abilities of 
hydrogen and deuterium to form hydrogen bonds 
have been summarized in Part I of this series. 2 
Part I also reported measurements of the ionization 
constants of acids, one of which involved an intra­
molecular hydrogen bond; it was found that the 
ratio of these constants in water and deuterium 
oxide, for any particular acid, varied according to 
whether an intramolecular hydrogen bond was con­
cerned in the ionization. The comparison in such 
a case is of the competition between internal hy­
drogen bonding and hydrogen bonding with the 
solvent, and it is not a direct measure of the 
strength of the intramolecular hydrogen bond in­
volved. The present work extends this comparison 
to other acids, some of which are hydrogen-bonded, 
and considers the results on the basis of a general 
correlation for the dissociation of acids in water 
and deuterium oxide. Such a relationship first 
was postulated by Rule and LaMer, 3 who found for 
the small number of acids at that time investigated 
that log (K k a / K d a ) was proportional to log A Ha , 
A ha and A da being the ionization constants of 
H - and D - acids in water and deuterium oxide, 
respectively. This relation has been supported by 
later workers4 but Hogfeldt and Bigeleisen5 have 
suggested recently that the type of acid (e.g., 
phenol, carboxylic acid, etc.) may change the con­
stant of proportionality, i.e ., the slope of the line, 
and this proposal is supported by the present work.

M ost of the conventional methods for determina­
tion of ionization constants have been applied to 
studies in deuterium oxide; Dahlgren and Long , 2 
for example, used e.m.f. measurements with a 
quinhydrone electrode. A much simpler method 
is suggested by the work of Glasoe and Long6 and

(1) Work supported by a grant from the Atomic Energy Commis­
sion.

(2) G. Dahlgren, Jr., and F. A. Long, J. Am. Chem. Soc., 82, 1303 
(1960).

(3) C. K. Rule and V. K. LaMer, ibid., 60, 1974 (1938).
(4) P. Ballinger and F. A. Long, ibid., 82, 795 (1960).
(5) E. Hogfeldt and J. Bigeleisen, ibid., 82, 15 (1960).
(6) P. K. Glasoe and F. A. Long, J. Phys. Chem., 64, 188 (1960).

others7'8 which has established that satisfactory 
measurements with deuterium oxide solutions can 
be made with a glass electrode. The determination 
of hydrogen ion concentration with a glass elec­
trode is by no means as accurate as that with a 
hydrogen or quinhydrone electrode but it was 
hoped that satisfactory p K  differences could be 
obtained readily for a series of acids. Studies now7 
have been made for a number of carboxylic acids 
and phenols, several of which involve intramolec­
ular hydrogen-bonding. In addition some data 
have been obtained for certain other acids (not 
hydrogen-bonded species) by conductance meas­
urements, which method of course is considerably 
more accurate than the glass electrode procedure.

Experimental
Materials.— Reagent grade inorganic chemicals were 

used throughout. Deuterium oxide was supplied by the 
Liquid Carbonic Company; it contained at least 99.5% 
D 20 .

Salicylic acid (m.p. 159-161°), o-nitrophenol (m.p. 46°), 
p-nitrophenol (m.p. 112-114°), 2,4-dinitrophenol (m.p. 
111°), 2,6-dinitrophenol (m.p. 62-63°), and 7-resorcylic 
acid (2,6-dihydroxybenzoic rcid) (m.p. 167°), were puri­
fied by recrystalfization from water. Glycolic, oxalic, 
iodic, and chloroacetic acid? were used without further 
purification except that the oxalic acid first was dehy­
drated over sulfuric acid. F.eagent grade phosphoric acid 
(containing not less than 85% H3P 04) was employed.

Sodium hydroxide solutions were British Drug Houses 
“ Concentrated Volumetric So.utions”  diluted appropriately. 
A stock solution of sodium dsuteroxide in deuterium oxide 
was made up by allowing metallic sodium in toluene to 
react with boiled-out deuterium oxide in a separatory 
funnel. This stock solution was diluted according to re­
quirements.

All solutions were made up with boiled-out distilled water 
or deuterium oxide, and were estimated either by titration 
against standard base or in the case of certain of the phenols 
by a bromination procedure or by spectrophotometry.

pH Measurements.— The potential was measured with 
either a Beckman Model G pH meter or (in some of the later 
experiments) a Cambridge Instrument Company Research 
Model Electron-ray pH meter. The electrode assembly, 
consisting of a Beckman No- 30167 glass electrode and a

(7) R . L u m ry , E . L. Sm ith , and R. R . G ian t«, J. Am. Chem. Soc., 78, 
4330 (1951).

(8) K. Mikkelson and S. O. Nielsen, J. Phys. Chem., 64, 632 (1960).
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T able  I
pKnA and  ApK  V alues from G lass E lectrode M easurem ents, 25°

pKha. pKl>A ApK Previous results
Y-Resorcylic acid 1.87 ±  0 .04 2.33 ±  0 .04 0.46 pltHA = 1.22 at 30°9
Salicylic acid 2.94 ± .01 3.69 ± .03 .75 pit HA =  2.97; ApK =  0.6110
m-Nitrobenzoic acid 3.62 ± .04 4.12 ± .02 .50 pK ba =  3.49311
Glycolic acid 3.90 ± .02 4.37 ± .01 .47 pit HA = 3.82112; 3.8013
2,6-Dinitrophenol 3.92 ± .03 4.42 ± .03 .50 PKba =  3.58; ApK  =  0.45 at 18°14 15
2,DDinitrophenol 4.12 ± .02 4.82 ± .02 .70 plcHA =  4.1116; pltHA =  4.02; ApK =  0.52 at 18°14
Oxalic acid (K°) 4.30 4.79 .49 pK ba = 4.26616; 4.29% 4.3018 19
o-Nitrophenol 7.19 ± .02 7.94 ± .02 .75 pit HA = 7.22% p K sa =  7.25; ApK =  0.57 at 18°14
p-Nitrophenol 7.26 ± .03 7.74 ± .01 .48 pltHA =  7.151E; pltHA =  7.24; ApK = 0.56 at 18°14

No. 39168 calomel reference electrode, was suspended 
in a test-tube containing about 5 ml. of the sample solu­
tion, which was immersed in an oil-bath maintained at
25.0 ±  0.05°. The meter was standardized with either 
potassium acid phthalate solution (pH 4.005) or a phosphate 
buffer solution (pH 6.860), according to the range required. 
The actual measurements were made on appropriate buffer 
solutions of the acid under investigation; these solutions 
normally were made up by partial neutralization of the acid 
solution with sodium hydroxide or deuteroxide and sodium 
chloride solution was added to make a series of varying ionic 
strengths— usually between 0.01 and 0.1 M . However, in 
a few cases the solutions were made up directly from the 
acid and its conj ugate base.

The thermodynamic dissociation constant was evaluated 
from the equation

pK  =  pH +  log ~  log

where pH is defined as —log [ C h +  p ± ] , C h a  and Ca~ are the 
added molar concentrations of free acid and anion, respec­
tively, and p± is the mean activity coefficient of the dis­
sociated acid. In the correction term, Ch+ was taken as 
antilog ( —pH). Log p± was established from the ap­
proximate Debye-Hiickel formula

- lo g  2/± 0.509 y T
i +  V i

I  being the ionic strength of the solution.
The second ionization constant of oxalic acid was estab­

lished from solutions containing measured amounts of 
oxalic acid and sodium oxalate (i.e., the disodium salt 
and the pK  calculated from the expression

pK  =  pH +  log 2Ch2Qx — Ch+
COx= — CbiOhl +  C'h+ - 3  log y±

where Cm ox and Co%= are the added molar concentrations of 
oxalic acid and the disodium salt, respectively, and p± 
is the mean 1:1 activity coefficient. No correction proved 
to be necessary to take account of the first dissociation 
since at the pH involved there was essentially no un-ionized 
oxalic acid present.
_ The procedure was substantially the same for the deute­

rium oxide solutions except that the pH meter reading was 
converted to “ pD ”  by means of the equation

pD = pH +  0.40

(9) C. T. Abichandari and S. K . K . Jatkar, ./. Indian Inst. Soi., A23 
77 (1941).

(10) S. Korman and V. IC. LaMer, J. Am. Chem. Soc., 58, 1396 
(1936).

(11) J. F. J. Dippy and R. H. Lewis, J. Chem. Soc., 1008 (1937).
(12) L. F. Nims, J. Am. Chem. Soc., 58, 987 (1936).
(13) L. J. M innick and M . K ilpatrick, J. Phys. Chem., 43, 259 

(1939).
(14) D. C. M a rtin  and J. A. V. Butler, J. Chem. Soc., 1366 (1939).
(15) R. G. Bates and G. Scliwarzenbach, Heir. Chim. Acta, 37, 1069 

(1954).
(16) G. D. Pinching and R. G. Bates, J. Research Natl. Bur. Stand­

ards, 40, 405 (1948).
(17) H. S. Harned and L. D. Fallon, J. Am. Chem. Soc., 61, 341 

(1939).
(18) H. N. Parton and R. C. Gibbons, Trans. Faraday Soc., 35, 542 

(1939).
(19) A. I. Biggs, ibid., 50, 800 (1954).

established by Glasoe and Long.6 17 All studies in deuterium 
oxide were with solutions containing 99-99.5%  D 20  and 
the results were not corrected to 100% D 20 .

Some idea of the accuracy of the procedures can be gained 
from the following typical results for glycolic acid. Separate 
measurements were made on six different buffer solutions 
with acid and anion concentrations each about 0.02 M , and 
with values of the ionic strength varying from 0.03 to 
0.12. The calculated pK  values ranged from 3.75 to 
3.82. After activity coefficient corrections, the calculated 
pK ba values varied from 3.82 to 3.95, with an average 
value of 3.90 ±  0.02 (standard deviation). A very similar 
study in deuterium oxide led to pK ba =  4.37 ±  0.01. 
Hence A pK  =  pK ba — P-Kha =  0.47 ±  0.02. Table I 
summarizes the pK ba and A pK  values which were measured 
by the glass electrode technique and compares the pK ua 
values with those of other workers.

Conductance Measurements.— The conductivity cell 
was of a type similar to that described by Baker and La­
Mer20; the electrodes were lightly platinized and the cell 
had a capacity of 10 ml. The cell constant was 1.846 cm .-1, 
determined with carefully prepared solutions of potassium 
chloride. The electrical apparatus comprised a 1-kc. 
oscillator, a Campbell-Shackleton ratio bridge, a Leeds and 
Northrup precision a.c. resistance box, an amplifier and ear­
phones.

Measurements of the conductance of the acid solutions 
were made at at least two concentrations chosen to provide a 
compromise between a low ionic concentration (to minimize 
the activity coefficient correction) and not too high a degree 
of dissociation (since the method is considerably less accurate 
for higher a values). In the case of phosphoric acid and, 
more particularly, oxalic acid it was necessary to use a con­
centration sufficiently high to minimize the effect of the 
second dissociation.

The calculation of K ba was carried out essentially by the 
method of Maclnnes and Shedlovsky.21 Values of Ao, 
the equivalent conductivity of the acid at infinite dilution, 
were obtained from the literature and Ai, the equivalent 
conductivity at the ionic concentration concerned, cal­
culated from the Onsager equation by a successive approxi­
mation procedure

A, =  Aq — (BiAo +  H2) ----- — ----
1 +  B a \ /  ac

where B, Bi and U2 are known constants, c is the stoichio­
metric acid concentration (in moles per liter), a is the degree 
of dissociation and â is the ionic size parameter. The values 
of K, calculated from the relation a 2c /( 1 — a), are not un­
duly sensitive to choice of A0 or of à (which was taken as
3.0 Â. unless otherwise mentioned). The activity coef­
ficient term necessary to convert the “ concentration”  
ionization constant to the “ thermodynamic”  value was 
evaluated from the modified Debye-Hiickel equation

log 2/± — A V  etc
1 +  B & V  ac

A  being a constant and the other symbols having their 
usual meanings. For the concentrations involved in these 
studies the difference between / ,  the rational activity co­
efficient, (for which this expression is derived) and y, the

(20) W. N. Baker and V. K. LaMer, J. Chem. Phys., 3, 406 (1935).
(21) D. A. Maclnnes and T. Shedlovsky, J. Am. Chem. Soc., 54, 

1429 (1932).
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T able  II
I onization  C onstants from  C onductance M easurem ents. 2 5 c

à Ao(HsO) A0CD2O) pK ha

Iodic acid 3.0 390.7° 284.2 0.848
Oxalic acid (K i) 4 .0 390.0* 283.1 1.270

Phosphoric acid (K 1) 3 .0 382.8“ 277.6 2.128
Chloroacetic acid 3 .0 389.6d 282.8 2.851

<* Ref. 32. ‘  R ef. 27. « Ref. 33. d Ref. 31.

pKda ApK Previous results
1.151 0.303 p K ua =  0.77225
1.666 .396 pKuA — 1.62; ApK — 0.0226

PKha =  1.271«
2.362 .234 pK BA =  2.1328; 2.14829
3.339 .488 p K ba =  2.85431; PK ba =  2.76

ApK  =  0.4430

molar activity coefficient, is negligible. Moreover any errors 
arising from the use of this approximate form of the 
Debye-Hiickel equation probably will not be significant for 
a situation where the ratio of ionization constants is of 
greater interest than an accurate value of ¿lha.

For the deuterium oxide solutions, values of A0 were in 
most cases not available but the relation22

/ A e(A -) \ / A e(A -) \
\Ao(C1- ) / h20 \Ao(C1_ ) / d20

was assumed to be applicable. Since as mentioned above 
the final value of K  is not very sensitive to choice of A0, 
errors from the use of this equation probably are not serious. 
Values of A0(C1_ ) and A0(D +) in deuterium oxide were ob­
tained from the work of Chittum and LaMer23 and of 
Longsworth and Maclnnes.34 The constants A ,  B ,  B ,  
and B 2 in the Debye-Hiickel and Onsager equations were 
adjusted to compensate for the changed viscosity and di­
electric constant of deuterium oxide. A summary of the 
results of the conductivity experiments is given in Table II.

Discussion
Table III lists the data for ionization of acids in 

water and deuterium oxide obtained up to the 
present time, excluding only some very early 
figures34; indication is given of the experimental 
methods used. The temperature is 25° unless 
otherwise indicated.

(-22) J. P. Chittum and V- K. LaMer, J. Am. Chem. Soc., 59, 2455 
(1937).

(23) V. K. LaMer and J. P. Chittum, ibid., 58, 1642 (1936).
(24) L. C. Longsworth. and D. A. Maclnnes, ibid., 59, 1666 (1937).
(25) R. M. Fuoss and C. A. Kraus, ibid., 65, 476 (1933).
(26) J. C. Hornel and J. A. V. Butler, J. Chem. Soc., 1361 (1936).
(27) L. S. Darken, J. Am. Chem. Soc., 63, 1007 (1941).
(28) L. F. Nims, ibid., 56, 1110 (1934).
(29) R. G. Bates, G. L. Siegel, and S. F. Acree, J. Research Natl. 

Bur., Standards, 30, 129 (1943).
(30) G. N. Lewis and P. W. Schütz, J. Am. Chem. Soc., 56, 1913 

(1934).
(31) B. Saxton and T. W. Langer, ibid., 55, 3638 (1933).
(32) E. Bock, Can. J. Chem., 37, 3888 (1959).
(33) C. M. Mason and J. B. Culvern, J. Am. Chem. Soc., 71, 2387 

(1949).
(34) The recent results of Hogfeldt and Bigeleisen,5 and Hyman, 

Kaganove, and Katz36 from indicator experiments have not been 
included partly because estimation of their probable accuracy is 
difficult and partly because the acids examined are largely of different 
charge types (e.g., amino acids) from those we have considered. 
As a different point, we should note that some additional studies of 
relative ionization constants by glass eleetrode procedures have been 
reported recently.36

(35) H. H. Hyman, A. Kaganove, and J. J. Katz, J. Pkys. Chem., 64, 
1653 (1960).

(36) N. C. Li, P. Tang, and R. Mathur, Presented at the 139th 
National Meeting of the American Chemical Society, St. Louis, April, 
1961.

(37) T. Riley and F. A. Long, unpublished work.
(38) C. Drueker, Trans. Faraday Soc., 33, 660 (1937).
(39) G. Schwarzenbach, A. Epprecht, and H. Erlenmeyer, Helv. 

Chim. Acta, 19, 1292 (1936).
(39a) D. Bunn, F. S. Dainton, and S. Duckworth, Trans. Faraday 

Soc., 57, 1131 (1961).
(40) J. Curry and Z. Z. Hugus, Jr., J. Am. Chem. Soc., 66, 653 

(1944).
(41) T. Riley and F. A. Long, to be published.

T able  III
I onization  C onstants in  W ater  and  D euterium  Ox id e , 

ApK  =  pK VA -  p K ha
Symbols for methods used: C, conductance; H2, e.m.f.—  
hydrogen/deuterium electrode: PH, glass electrode; QH, 
quinhydrone electrode; S, solubility of salts and transfer 

data; SP, spectrophotometry.
A c i d M e t h o d pK  H A ApK R e f .

Picric SP 0.38 0.44 37
Iodic C 0.848 .303 This work
Oxalic (K ,) c 1.270 .396 This work
Sulfuric {Ki) c 1.90 .30 38
y-Resorcylic (K, ) PH 1.87 . 4 6 This work
Maleic (Ki) QH 1.91 . 6 2 2

Phosphoric ( K ,) C 2.128 .234 This work
m-Nitroaniline PH 2.48 .48 6

Chloroacetic C 2.851 .488 This work
Salicylic ( K , ) PH 2.94 .75 This work
Ethyl hydrogen 

maleate QH 3.08 .46 2

Fumaric QH 3.10 .46 2

Ethyl hydrogen 
fumarate QH 3.40 . 4 5 2

m-Nitrobenzoic PH 3.62 .50 This work
Formic h 2 3.75 .40 39

PH 3.75 .45 6
Glycolic PH 3.90 .47 This work
2,6-Dinitroph en ol PH 3.92 .50 This work
2,4-Dinitrophenol PH 4.12 .70 This work
Benzoic QH 4.21 .50 3
Oxalic ( K2) PH 4.30 . 4 9 This work
Aniline PH 4.55 .58 6

Fumaric ( K2) QH 4.60 .42 2
Hydrazoic (20°) PH 4.68 .33 39a
Acetic PH 4.73 .52 6

QH 4.74 .52 10
C 4.74 .52 23

Maleic { K2) QH 6.33 .38 2

Carbonic [K,) h 2 6.35 .43 40
o-Nitrophenol PH 7.19 .75 This work
Phosphoric (K 2) QH 7.19 .56 3
p-Nitrophenol PH 7.26 .48 This work
Ammonia h 2 9.26 .49 39
Methyl acetylacetone PH 9.35 .40 41
2-Acetylcyclohexanone PH 9.47 .51 41
Trimethylamine H2 9.90 .59 39
Glycine (RN H C ) h 2 9.90 .53 39
Carbonic ( K2) h 2 10.25 .64“ 40

PH 10.33 .63 6

Hydroquinone QH 10.58 .62 3
2,2,2-Trifluoroethanol C 12.37 .65 4
2-Chloroethanol C 14.31 .70 4
Water s 15.72 .84 42

“ Recalculated by Glasoe and Long.
(42) R. W. Kingerly and Y. K. LaMer, J. Am. Chem. Soc., 63, 3256

(1941).
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Fig. 1.— Plot of ApK against pK WA: 1, m-nitroaniline; 2, 

chloroacetic; 3, ethyl hydrogen maleate; 4, fumaric (/£,); 
5, ethyl hydrogen fumarate; 6, m-nitrobenzoic; 7, glycolic; 
8, 2,6-dinitrophenol; 9, benzoic; 10, oxalic (ZU).

When A p K  is plotted against the p K u a  for all 
these results (Fig. 1), a graph in the form of an 
approximate stright line is obtained. The line of 
Fig. 1 is for the equation

A p K  =  0.41 +  0.02p K ua

as suggested by Bell.43 If the results are grouped 
according to the structural type of the acid con­
cerned, then straight lines, similar but differing 
slightly in slope, are obtained for carboxylic acids, 
inorganic acids, and phenols, although the paucity 
of results in some of these categories makes the 
lines uncertain. If the figures of Li, Tang, and 
M athur36 for the second and third dissociation 
constants of citric and tricarballylic acids are in­
cluded in the carboxylic acid plot, and if these are 
assumed to be “ normal”  acids, then the slope of the 
best line is somewhat greater (0.05) than if these 
results are ignored (0.03) or than if the phenols are 
plotted on the same diagram (0.02). However, 
whichever plot is used, some points lie a consider­
able distance on either side of the line drawn. 
Since the uncertainty in many of the ApK measure­
ments is comparatively large, the significance of a 
particular point falling away from the drawn line is 
small unless the discrepancy is striking.

In a number of cases large discrepancies may be 
rationalized by assumption of internal hydrogen 
bonding in the acidic or anionic group. The work 
of Dahlgren and Long2 suggests that intramolecular 
hydrogen-bonding will affect the relation between 
p K  ha and A p K  in the sense that if the anion of an 
acid (e .g ., maleic acid) contains an internal hydro­
gen bond then the A p K  is predicted to fall above 
the “ normal,”  i.e ., above the value which would 
be expected from consideration of other non­
hydrogen-bonded acids. Conversely, if the acid 
form contains an intramolecular hydrogen bond 
{e.g., bimaleate ion) the A p K  should be lower than 
expected. This implies that the H-anion in its 
hydrogen bonded form is relatively more stable in 
water than is the D-anion in D 20 . Consequently 
the strength of the “ deuterium H-bond”  relative to 
intermolecular bonding with the solvent is weaker

(43) R. P. Bell, “ The Proton in Chemistry,’* Cornell University
Press, Ithaca, N. Y., 1959, p. 188.

Q-N1TR0PHEN0L
2,6-DINITROPHENOL

MALEIC(K,)
ANILINE PHOS- ▼ PHORlCfKj

2-CHLOROETHANOLA
CARB0NIC(K2) 2,2,2-TRlFLUORO- 

HYDR0QU1N0NE ETHANOL ^ VTRIMETHYLAM INE
GLYCINEvA2-ACETYLCYCL0 HEX ANON E

OXALlC(K,)

3,4
FORMIC FUMARIC (K2)

f-NÎTRORHENOL AMMONIA 
■CARBONICfK,)

IO0IC SULFUR1C(K2) 

PHOSPHORIC(Ki)

METHYLACETYLACETONEI
•CARBOXYLIC ACIOS 
□ INORGANIC OXYACIDS 
A ALCOHOLS 8 PHENOLS 
▼ AMMONIUM IONS

than the “ hydrogen H-bond”  in similar circum­
stances. Maleic acid is of course a favorable case 
for this kind of study since the work of Westheimer 
and Benfey44 already has established that in 
aqueous solutions the bimaleate ion exists pri­
marily in the internally hydrogen bonded form.

Evidence for the work of other investigators for 
hydrogen bonding of some of the acids and anions 
of the present study is considered below. A 
serious difficulty is that much of the evidence for 
intramolecular bonding in these compounds comes 
from studies with crystals or with solutions in 
non-aqueous solvents of low polarity. Since water 
as solvent will compete strongly for both donor and 
acceptor sites for hydrogen bonding, one may ex­
pect intramolecular hydrogen bonding to be con­
siderably less in water than in such solvents. Un­
fortunately for present purposes the central point 
is whether internal hydrogen bonding exists in 
aqueous solution.

With the two /3-diketone enols, we really do not 
know the situation for solutions in water. In 
non-aqueous media, evidence from both infrared 
and ultraviolet studies points definitely to internal 
hydrogen bonds.45’46 So also does the high enol 
content found at equilibrium for these ketones in 
inert solvents.47 The enol content is usually 
sharply lower in aqueous solutions but still large 
enough to suggest some internal hydrogen bonding 
of the enols. The size of the p K  values for these 
enols in water is also consistent with considerable 
intramolecular hydrogen bonding but this argu­
ment is rather uncertain. The relatively low A p K  
values of Fig. 1 are, of course, as expected from the 
proposal that the internal bonding persists into 
water since from the maleic acid studies the ex­
pectation is that the A p K  for an H-bonded acid 
will be abnormally low .48

Salicylic acid and 7 -resorcylic acid are both 
carboxylic acids with o-hydroxy groups and might 
be expected to behave similarly. Branch and 
Yabroff49 showed by comparison of the dissocia­
tion constants of hydroxy- and methoxybenzoic 
acids that the anion of salicylic acid undoubtedly 
is hydrogen bonded in aqueous solution. More 
recently Scheraga and Hermans80 have studied 
salicylic acid in both H 20  and D 20  and interpret 
their results in terms of extensive intramolecular 
bonding for the anion. Thus the high position of 
this acid in Fig. 1 {A p K  =  0.75) is entirely consist­
ent with the data for maleic acid and suggests a 
similar explanation. For resoreylic acid on the

(44) F. H. Westheimer and O. T. Benfey, J. Am. Chem. Soc., 78, 
5309 (1956).

(45) R. S. Rasmussen, D. D. Tunni cliff, and R. R. Brat tain, ibid., 
71, 1068 (1949).

(46) S. Bratoz, D. Hadzi, and G. Rossmy, Trans. Faraday Soc., 52, 
464 (1956).

(47) For a discussion, see G. S. Hammond in “ Steric Effects in 
Organic Chemistry,” edited by M. S. Newman, 1956, John Wiley and 
Sons, New York, N. Y., Chap. 9.

(48) One further acid which lies well below the line on the ApK - 
pK ha. diagram is phosphoric (K \). No reason can be advanced for 
this, although it is true that comparatively few inorganic acids have 
been studied and those that have may not be sufficiently representa­
tive to provide a good base line.

(49) G. E. K. Branch and D. L. Yabroff, J. Am. Chem. Soc., 66, 
2568 (1934).

(50) H. A. Scheraga and J. Hermans, unpublished works.
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other hand the Ap K  value is very much lower and 
is in fact close to the line of Fig. 1.

The infrared spectrum of the crystalline potas­
sium salt indicates the existence of two symmetrical 
internal hydrogen bridges between the carboxylate 
anion and the hydroxyl groups,51 and moreover a 
comparison of the ionization constants of dihy- 
droxybenzoic acids52 shows the 2 ,6-dihydroxy iso­
mer to be by far the most acidic, which strongly 
suggests hydrogen bonding of the anion in aqueous 
solution. In view of this evidence the relatively 
“ normal”  A p K  value for resorcylic acid implies 
that the strengths of the hydrogen and deuterium 
bonds are about equal. It is not clear, however, 
why there should be any différence between these 
two acids which both have a hydroxyl substituent 
ortho to the carboxylic group.

The situation for the nitrophenols is also uncer­
tain. Although the o-substituted nitrophenols 
(i.e., o-nitrophenol, 2,4-dinitrophenol, 2,6-dinitro- 
phenol, and picric acid) have infrared spectra in 
inert solvents which suggest that the undissociated 
form contains a hydrogen bond ,53-56 the existence 
of such bonding in water is much less definite. 
When ionization constants of various nitrophenols 
are plotted against their Hammett v-values (ob­
tained from figures quoted by Taft67 and Jaffé58) 
and a line of slope p =  — 2.11367 drawn, the o- 
substituted compounds fall below this line, which 
indicates that they are stronger acids than would 
have been predicted on the basis of the Hammett 
equation. Since the phenolate anion cannot be

(51) H. Musso, Chem. Ber., 88, 1917 (1955).
(52) W. Baker, N ature, 137, 236 (1936).
(53) O. R . Wulf and U. Liddel, J. Am . Chem. Soc., 57, 1464 (1935).
(54) G. E. Hilbert, O. R. W ulf, S. B. Hendricks, and U. Liddel, 

N ature, 135, 147 (1935).
(55) R . J. Francel, J. Am . Chem. Soc., 74, 1265 (1952).
(56) A. M . Bus well, V. Deitz, and W. N. Rodebush, J. Chem. P h ys., 

5, 501 (1937).
(57) R. W . Taft, Jr., in “ Steric Effects in Organic Chemistry,”  

edited b y  M . S. Newman, 1956, John Wiley and Sons, New York, 
N. Y ., Chap. 13.

(58) H. H. Jaffé, Chem. Revs., 53, 191 (1953).
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stabilized by hydrogen bonding, the only effect of 
such bonding can be to lower the acid strength, 
and thus it seems quite possible that no intra­
molecular hydrogen bonding is present in aqueous 
solutions of nitrophenols. Astle and McConnell59 
found that the polarographic reduction of o-nitro­
phenol in aqueous solution was much slower than 
that of the m- and p-isomers and was dependent on 
the pH of the solution and they suggested that 
hydrogen-bonding of the acidic form was responsi­
ble for this, but steric hindrance is a fairly obvious 
alternative explanation. It will be seen from Fig. 1 
that while o-nitrophenol and 2,4-dinitrophenol have 
relatively high A p K  values, those for 2,6-dinitro- 
phenol and picric acid are approximately as would 
have been predicted for normal acids of comparable 
strength. Thus while there is little support for 
hydrogen bonding in the acid forms of these phenols 
in aqueous solution (which would tend to lower 
the A p K ) the problem of explaining the observed 
A p K  values remains.

There are clearly enough uncertainties in the p K  
data for these hydrogen bonded systems as to 
preclude general conclusions about the relative 
H-bonding of hydrogen and deuterium. Three of 
the systems do agree with the previous conclusion 
from the maleic acid work that under the particular 
competitive situation of H20  and D 20  as solvents 
an internal D-bond is weaker than an Il-bond. 
However, the results for resorcylic acid and the 
nitrophenols point to the existence of complicating 
factors and suggest that detailed consideration 
must be given both to the particular species con­
cerned and to changes in solvent effects. Much 
the same sort of qualified statement applies to the 
other trends in the values of A p K . There is some 
support for the proposal that A p K  is an increasing 
function of p K  but here also there is so much 
evidence for specific effects as to cast doubt on al­
most any generalization.

(59) M . J. Astle and W. Y. McConnell, J. Am. Chem. Soc., 65, 35 
(1943).

LATTICE ENERGY AND STABILITY OF CHROMIUM MONOHALIDES
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The lattice energies of the crystalline chromium monohalides are calculated assuming ionic bonding. These energies are 
combined in the Born-Haber cycle with empirical heats of formation of the ions and with measured and estimated absolute 
entropies to yield enthalpies and free energies of formation of the crystalline monohalides. The stability of these mono­
halides is further considered with respect to dissociation and disproportionation.

Introduction
Consideration of the electronic configuration of 

the elements indicates the possible stability of the 
plus one ( + 1) oxidation state for certain transition 
elements in addition to the groups which ordinarily 
have stable monovalent compounds. Due to the 
extra stability associated with half-filled d-shells 
Cr, M o and W  have a single ns electron in addition 
to the incomplete (n  - l )d  shell outside the ap-

(1) National Research Council, Ottawa, Canada.

propriate inert gas configuration [(inert gas)(n — 1) 
d5ns, 4 ^ n  ^ 6 ]. Indeed, claims have been made 
to have prepared certain such monovalent com­
pounds. 2 Moreover, W oodbury and co-workers3 
recently reported electron spin measurements for

(2) (a) M . J, Udy, “ Chromium,”  Vol. 2, Am. Chem. Soc. Mono­
graph Series, Reinhold Publ. Corp., New York, N. Y., 1956, p. 113; 
(b) J. W. Mellor, “ A Comprehensive Treatise of Inorganic and The­
oretical Chemistry,”  Vol. X I, Longmans, Green and Co., New York, 
N. Y., 1931, p. 366.

(3) H. H. Woodbury and G. W. Ludwig, Phys. Rev., 117, 102 (1960).
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various charge states of several transition metals 
in silicon, including C r+. They observed that 
“ the resonant species would seem to be C r+, having 
a half-filled d-shell and no other electrons outside 
of closed shells. The observed total spin of 
5 /2  is in accord with this picture.”  But Cr+ 
samples were unstable over time intervals of days 
to months, for they diffused even at room tempera­
ture and seemed to pair up with the electron ac­
ceptor used to dope the host Si crystals. This, 
along with the inconclusive claims of the prepara­
tion of the chromium monovalent compounds, 
seems to underscore the instability of the plus one 
state ( + 1) in chromium.

In this work the possible stability of the chro~ 
mium plus one state in the chromium halides is 
examined. Ionic bonding is assumed, and the 
lattice energies of the crystalline monovalent 
halides are calculated. The calculated lattice 
energies along with experimental heats of forma­
tion of the ions are used in the Born-Haber cycle 
to obtain heats of formation of the solid mono­
halides. These in turn are combined with experi­
mental and calculated absolute entropies to obtain 
free energies of formation. Finally, the stability 
of the monohalides is considered with respect to 
dissociation to the free atoms, and with respect 
to disproportionation to the stable dihalides and 
elementary chromium.

Calculation of Lattice Energies.— The lattice 
energies U  are calculated using equation 1

This equation is due to Ladd and Lee4 who ex­
tended the simple B om -M ayer expression for the 
lattice energy of a crystal to the case where dis­
persion energy terms are included in addition to 
ordinary Coulombic and repulsive forces.6 Ladd 
and Lee4 used eq. 1 to calculate the lattice energy 
of various stable monohalides, and they obtained 
values which are within ± 1.5%  of the experimen­
tally obtained ones; and Waddington6 used it to 
calculate the energies of CuF and AuF.

In eq. 1 a  is the Madelung constant of the crys­
tal; r0 is the equilibrium internuclear separation 
of the ions; p is a constant calculated by Bom  and 
Mayer7 equal to 0.345 X  10~8. The term involv­
ing 1/? o6 is the induced dipole-dipole interaction of 
the ions. C  is a function of the polarizabilities of 
the ions and their corresponding energies. It is
equal to C =  S 6'C +~  +  iS6, , (C,+ + + C '__) / 2 , where
S s' and S 6"  are constants characteristic of the 
crystal structure and they have been computed 
by Lennard-Jones and Ingham ,8 (for the NaCl 
lattice Se' =  6.5952 and Se"  =  1.8067.) Also

(4) M . F. C. Ladd and W. H. Lee, Trans. Faraday Soc., 54, 34 (1958).
(5) For a brief but excellent discussion of lattice energy calcula­

tions see: T. C. Waddington, Lattice Energies in “ Advances in Inor­
ganic Chemistry and Radiochemistry,”  H. J. Emeleus and A. C. 
Sharpe, Ed., Vol. I., Academic Press, New York, N. Y., 1959.

(6) T. C. Waddington, Trans. Faraday Soc., 55, 1531 (1959).
(7) M . Born and ,J. E. Mayer, Z. Physik, 75, 1 (1932).
(8) J. Lennard-Jones and A. E. Ingham, Proc. Roy. Soc. (London), 

A107, 636 (1925).

c+- 2 €+€_.
3 e+ +  €_ a+a— and C±± — 5 e±oi.±ô

where a+  and a_ are the polarizabilities of the ions 
and e+ and e~ their characteristic energies. The 
term involving l / r 08 is the induced dipole-quadru- 
pole interaction. It is usually only a few per cent 
of the induced dipole-dipole interaction and it will 
be neglected here. Finally, the last term is the 
zero-point vibrational energy of the lattice, with 
rmax being the Debye maximum frequency char­
acteristic of the crystal.

In order to carry out the term by term calcu­
lation of the lattice energies the crystal structures 
are required. On the basis of a hard-sphere model 
of ionic crystals the range of stability of the NaCl 
structure is predicted to be 0.414 ^ r+/r_ ^ 0.732. 
For all chromium monohalides, except CrF, this 
radius ratio is well within these limits; for CrF 
r+ /r_  =  0.78, and therefore a CsCl structure is 
predicted. However, (i) no fluoride is known with 
the CsCl structure and (ii) several fluorides (e.g., 
KF and AgF) are known to crystallize in the NaCl 
structure in spite of their radius ratios being in 
excess of 0.732.6 For these reasons, the calcula­
tion of the lattice energies of all chromium mono­
halides is based on the assumption that all these 
halides crystallize in the NaCl structure for which 
the Madelung constant is 1.757. The ionic radii 
of the halide ions are those given by Pauling.9 
They are, respectively, for F~, C D , Br~ and I -  
equal to 1.33, 1.81, 1.96o and 2 .20  A. The radius 
of C r+ is taken as 1.04 A., and it was obtained by 
extrapolation of the empirical crystal radii of the 
other polyvalent chromium ions.9

In the calculation of the induced dipole-dipole 
interaction the polarizabilities and characteristic 
energies of the negative ions employed by M ayer10 
in the calculation of other stable monohalides were 
used. The polarizability of Cr+ was calculated 
from Pauling’s value of the molar refraction using 
the appropriate refraction screening constant. 11 
e+ was taken equal to 90%  of the second ionization 
potential.

For the calculation of the zero-point energy the 
frequency of the residual rays or “ Reststrahlen”  
may be assigned to rmax- When this frequency is 
not available from infrared absorption data, 
Waddington5 has shown that the zero-point energy 
can be interpolated readily from the zero-point 
energies of the alkali halides, provided that the 
absolute entropies of the crystals are known. 
The ¿Lbs0 of the chromium monohalides have been 
estimated according to Latimer’s rules. 12

The various terms in the lattice energy expres­
sion may be evaluated readily by use of the values 
indicated here. The results are summarized in 
Table I.

Stability of the Monohalides.— The calculated 
lattice energies now can be used in a Born-Haber 
cycle expression to yield heats of formation of the

(9) L. Pauling, “ Nature of the Chemical Bond,”  3rd Ed., Cornell 
Univ. Press, Ithaca, N. Y., 1960.

(10) J. E. Mayer, J. Chem. Phys., 1, 327 (1933).
(11) L. Pauling, Proc. Roy. Soc. (London), A114, 181 (1927).
(12) W. M . Latimer, “ Oxidation Potentials,”  Prentice-Hall Book 

Co.; New York, N. Y., 1952, Appendix I I I .
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T able  I
Lattice E nergy of C hromium  M onohalides (NaCl 

Crystal T y p e )

ae2/ro,
ergs/

molecule

— ae2(p/r), 
ro
ergs/

molecule

c ( 1  _  6pN 
ro6\ r y 

ergs/ 
molecule

 ̂ - 9 /4  hr, 
ergs/ 

molecule

V,
keal./
mole

CrF 17.05 -2 .5 1 0.01 -0 .1 4 209.4
CrCI 14.21 -1 .7 1 .04 -  .10 179.1
CrBr 13.50 - 1 .5 8 .05 -  .07 171.6
CrI 12.50 -1 .3 3 .07 -  .05 161.1

solid chromium monohalides. For the calculation 
equation 2 is used

CrX(r) =  Cr+(g) +  X + g )  AH =  U +  2RT  (2)
The empirical values of the heats of formation of 
the ions listed in the U. S. Bureau of Standards 
Circular 50013 are used to yield the AfL°[CrX(s) ] 
listed in Table II.

T able  II

u +
2 RT, 
keal./ 
mole

Calcd.A#f°-
[CrX-
(s)],

keal./
mole

Derived
AHt°-
[CrX-
(b)1,

keal./
mole

/Sabs0“ 
[CrX- 
(s) 3. 
cal./ 
deg.- 
mole

A&o-
[CrX-
(s)].
cal./
deg.-
mole

AFf0-
[CrX-
(s)],

keal./
mole

CrF 210.6 -5 2 .7 -8 9 .0 15.7 -1 4 .3 -4 8 .5
CrCl 180.3 -  1.2 -4 6 .0 20.2 -1 2 .1 0 +  2.4
CrBr 172.8 +  9.3 23.2 -1 1 .8 +  12.8
CrI 162.3 +  24.9 -2 7 .0 24.8 -1 2 .8 + 2 8 .7

Of course, there exist no independent, empirical 
heats of formation with which one could compare 
the values obtained with the use of the lattice 
energies. However, one may compare these latter 
values with derived “ experimental”  values interpo­
lated from the heats of formation of the di- and tri- 
valent chromium halides. Figure 1 is a graphical 
display of the empirical heats of formation of the 
di- and trivalent halides taken from ref. 13. It is 
evident that the experimental heats of formation 
of these polyhalides increase smoothly with in­
creasing oxidation number. Assuming that the 
values of the monovalent compounds would not 
deviate sharply from the curves determined by the 
polyvalent compounds, one may derive the rela­
tive heats of formation listed in column three of 
Table II. Figure 1 also shows for comparison 
the calculated heats of formation. It is interesting 
to note that the calculated values are less than the 
derived ones; moreover, the CrF value shows the 
best agreement and the CrI the poorest. Of course, 
this trend is expected because any calculations of 
bond stability on a completely ionic model would 
be best for the fluoride and poorest for the iodide. 
Although it is hard to estimate the importance 
of the contribution of covalent structures to 
the bonding, it again is expected that such contri­
butions would enhance the stability of the com­
pounds, and thus bring the calculated heats of 
formation closer to the “ derived”  values.

The free energies of formation AFf° are calculated 
from the equation AFf° =  AH{° — TAS[°. The 
absolute entropies of the crystals, estimated ac­
cording to Latimer’s rales, are shown in Table 
II. These are combined with the experimentally 
determined $ abs° of the chromium metal and of the

(13) U. S. National Bureau of Standards Circular No. 500, U. S. 
Governmi'nt Printing Office, Washington, D. C., 1952.

halogens13 to yield the AS :° listed. The last column 
of the same table shows the calculated free energies 
of formation. It is obvmus from Table II that 
CrF is quite stable with respect to formation from 
its elements; CrI and CrBr are highly unstable 
and CrCl slightly unstable with respect to forma­
tion from their elements.

However, before any conclusions can be reached 
about the stability of the monohalides there are two 
other pertinent reactions that must be considered
(i) dissociation

CrX(s) -  Cr(B) +  X (g)
and (ii) disproportionation to the stable dihalide 
and metallic chromium

2CrX(s) =  Cr(s) +  CrX2(s)
The free energies for these two reactions are 

calculated by the use of empirical heats of forma­
tion and measured entropies, 13 along with the 
estimated Sabs0 of CrF2(s) . 12 The results are 
shown in Table III. It is seen that all chromium 
monohalides except Crl(s) are stable to dissociation 
from 10 up to 63 kcal./mole. However, all of the 
monohalides including CrF are extremely unstable

T aele  III
F ree E nergies of D issociation  and D isproportionation 

( at 298°K.)
A F °d iss . ,

k c a l . / m o l e
A F ° d i s p r o p . ,

k c a l . / m o l e

CrF 62.7 - 7 1 . 9

CrCl 22.8 - 9 0 . 0

CrBr 10.1
CrI — '1.7 - 1 0 1 . 5
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to disproportionation. This then may explain 
the failure of attempts to prepare the chromium 
monohalides. It is expected that at least the 
fluoride would be primarily ionic in character and

it is hard to imagine large enough contributions 
from covalent structures that would stabilize the 
crystal structure sufficiently and thus prevent the 
disproportionation reaction.

EFFECT OF SUBSTITUENT GROUPS ON THE IONIZATION POTENTIALS
OF BENZENES
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Ionization potentials of a number of substituted benzenes have been measured to determine the changes in ionization 
potential produced as a function of the properties of the substituent group. In addition to a few alkyl benzenes, measure­
ments were made for a number of benzene compounds having one or two non-hydrocarbon substituent groups. Ionization 
potentials of monosubstituted benzenes are shown to correlate with cr+ substituent constants in a linear manner. Changes 
in ionization potential for the addition of a second substituent group depend on the nature of the original group. Greater 
changes occur for addition to an original group which is a strong electron acceptor, such as -N O .. The polarization model 
for substituent effects is shown to give qualitatively correct predictions. Differences between ortho and para isomers of 
disubstituted benzenes are consistent with an explanation of dipole interactions.

Introduction
Although ionization potentials for a number of 

alkyl substituted benzenes have been reported in 
the literature, * 1 only a few ionization potential 
values have been reported for benzene compounds 
with non-hydrocarbon substituents. A  collection 
of such data is of importance to test the results of 
theoretical calculations of ionization potentials and 
the effects of substituent groups on chemical activ­
ity. Using a limited amount of data, Price2 also 
studied the effects of substituent groups on ioniza­
tion potentials and Kaufman and Koski3 evaluated 
substituent effects on radical ionization potentials. 
The purpose of this work was to determine the 
changes in ionization potentials resulting from the 
addition of substituent groups of considerably dif­
ferent properties. M ono- and disubstituted ben­
zenes were studied. The possibility of showing a 
simple additivity effect on ionization potentials of 
disubstituted benzenes was examined. Measure­
ments of ionization potentials of ortho, meta and 
para  isomers showed that changes in ionization 
potentials with position of the substituent groups 
depends on the nature of the groups. In particular, 
the electrostatic polarization concept of ionization 
potential changes4 with substituent groups is shown 
to serve as a semi-quantitative guide to ionization 
potential changes.

Experimental
Ionization potential data were obtained on a Consolidated 

Electrodynamics Corporation Model 21-103 mass spec­
trometer. For all measurements the repeller potential was 
+  1.5 volts, while the anode (or electron catcher) to ion 
chamber potential was maintained at + 40  volts. Although 
it is desirable to operate the anode at the same potential as 
the ion chamber to minimize ion formation in this region, 
adequate electron current control could not always be main­

*W. R. Grace & Company, Washington Research Center, Clarks­
ville, Maryland.

(1) F. H. Field and .1. L. Franklin, "Electron Impact Phenomena," 
Academic Press, New York, N. Y., 1957.

(2) W. C. Price, Chem. Revs., 41, 257 (1947).
(3) J. K, Kaufman and W. S. Koski, J. Am. Chem. Soc., 82, 3262 

(I960).
(4) N. D. Coggeshall, J. Chem. Phys., 32, 1265 (1960).

tained at potentials less than 40 volts. The electron current 
was maintained at 10 ^amp. Gas pressures were maintained 
at the lowest practical values to minimize the tailing effect 
resulting from ions produced near the electron collector.6-7 
Electron accelerating potentials were measured by means of 
a potentiometer between the filament and the ion chamber. 
The accuracy of the potentiometer readings was within 
±0.01 volt. Argon, with an ionization potential of 15.76 
e.v., was used as a voltage reference.

A number of techniques have been suggested for measur­
ing ionization potentials with a mass spectrometer having a 
non-homogeneous electron beam. Of these, a method which 
combines the use of a semilogarithmic plot of the ionization 
efficiency curve8-10 with a standardization procedure used 
by Fox and Langer11 and others was chosen for this work. 
Ion intensities of the compound and the reference were 
plotted as a function of electron energy in volts. The range 
of electron energies used was large enough to provide data 
on both the exponential toe and the initial part of the linear 
portion of the ionization efficiency curves. The slopes of the 
linear parts of the curves contain terms representing instru­
mental sensitivity, cross section for ionization, electron cur­
rent, and gas pressure or molecules per cm .3 in the ion cham­
ber. Since instrumental factors, including the electron cur­
rent, were held constant for all measurements, the ratio of 
the slopes for the reference and measured compounds equals 
the ratio of the products of respective cross sections and pres­
sures. This ratio then was used to make the ionization 
efficiency curves equivalent.

Data from the exponential parts of the ionization efficiency 
curves were plotted as the logarithm of the ion current 
versus the electron energy in volts. The experimental data 
for the reference compound, argon, were multiplied by the 
ratio of the linear slopes before plotting. The voltage dif­
ference, AF, between the two curves at a given ion in­
tensity was used to calculate the ionization potential of the 
molecule from the known argon ionization potential. A 
number of A V  values were measured over a range of ion in­
tensities to ensure that the two curves were parallel. The 
measured A F ’b for a given compound and argon differed by a 
maximum of 0.1 volt.
_ As a test of the experimental technique, ionization poten­

tials of several compounds were measured and compared

(5) R . E. Fox, W . M . Hickam, D . J. Grove and T . Kjeldaas, Jr., 
Rev Sei. Instr., 26, 1101 (1955),

(6) J. D . Morrison. J. Chem. P hys., 19, 1305 (1951).
(7) G. F. Crable and G. L. Kearns, ib id ., 31, 84 (1962).
(8) R . E. Honig, ib id ., 16, 105 (1948).
(9) F. P. Lossing, A. W. Tickner and W. A. Bryce, ibid.. 19, 1254

(1951) .
(10) V. H. Dibeler, R . M . Reese and F. L. Mohler, ibid., 2 0 ,  761

(1952) .
(11) R. E. Fox and A. Langer, ibid., 13, 460 (1950).
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with spectroscopically determined ionization potentials. 
Values of 15.57, 13.77 and 11.36 were determined, in good 
agreement with spectroscopic values of 15.56, 13.79 and 
11.41 for nitrogen, carbon dioxide and acetylene, respec­
tively.1

Results and Discussion
In Table I the measured ionization potentials of 

the substituted benzenes obtained in this work are

T able  I
Ionization  Potentials of Substituted  B enzenes

Lit. values (e.v.)
This work Electron Photoionization

Compound (e.v.) impact value
Benzene 9.56 9.5212 9.24513
Toluene 9.18 9.2312 8.82“
o-Xylene 9.04 8.97“ 8.56“
m-Xylene 9.05 9.02“ 8.5613
p-Xylene 8.99 8.88“ 8.44513
1,3,5-Trimethylbenzene 8.74 8 .7912 8.3913
Styrene 9.00 8.86“
Aniline 8.32 7.7013
Nitrobenzene 10.18
Benzonitrile 10.09 9.95“
p-Nitrotoluene 9.82
p-Tolunitrile 9.76
o-Dichlorobenzene 9.64
Chlorobenzene 9.60 9.42“ 9.0713
Bromobenzene 9.52 9.41“ 8 .9813
p-Nitrophenol 9.52
o-Chlorophenol 9.28
p-Chlorophenol 9.07
jo-Bromotoluene 9.22 8 .67“
p-Cblorotoluene 9.21 8.6913
Phenol 9.16 9.03“
p-Bromophenol 9.04
o-Cresol 8.93
m-Cresol 8.98
p-Cresol 8.97
Methoxybenzene 8.83 8.20“
o-Nitroaniline 8.66
m-Nitroaniline 8.80
p-Nitroaniline 8.85
o-Methylaniline 8.38
m-Methylaniline 8.27
p-Methvlaniline 8.14
o-Benzenediamine 8.00
m-Benzenedi amine 7.96
p-Benzenediamine 7.58
p-Methoxy aniline 7.82

given, along with comparative literature values ob­
tained by electron impact methods and by photo­
ionization. The majority of the reported data are 
the average of from 2 to 5 individual determina­
tions. Although the average deviation between 
individual runs is approximately 0.03 volt, no re­
marks can be made concerning the absolute accu­
racy. The agreement with reported electron impact 
values, where available, is within 0.1  to 0 .2  e.v. 
As usually is experienced with ionization potentials 
obtained by electron impact, the experimental 
values are higher than the photoionization values 
by approximately 0.3 to 0.6 e.v.

An examination of Table I shows that marked
(12) F. H. Field and J. L. Franklin, J. Chem. Phys., 22, 1895 (1954)*
(13) X. Watanabe, ibid., 26, 542 (1957).
(14) J. D. Morrison and A. J. C. Nicholson, ibid., 20, 1021 (1952).

< r +  V A L U E S .

Fig. 1.— Correlation of ionization potentials with Brown’s 
a +-values.

changes occur in the ionization potential of benzene 
upon the addition of a substituent group. The 
addition of NH 2 produces a reduction in the benzene 
ionization potential of 1.24 e.v., while adding an 
N 0 2 group results in an increase of 0.62 e.v. These 
changes in ionization potential must be related to 
the properties of the substituent groups. The elec­
tron donating property of the substituent group 
has been related to chemical reactivities of sub­
stituted benzenes. T o  see whether a similar quali­
tative relationship existed for ionization potentials, 
the ionization potentials of the mono- and para- 
disubstituted benzenes were arranged in Table II in 
order of increasing electron accepting properties15 
from left to right and from top to bottom. The 
monosubstituted data are contained in the row and 
column indicated by H. Note that all values ap­
pear twice in this table. Qualitatively, these re­
sults show that electron accepting groups produce 
an increase in the ionization potential of benzene 
while the addition of an electron donor group causes 
a decrease in ionization potential. The effects of 
the addition of two substituent groups are additive, 
but not necessarily in a linear manner. For exam­
ple, a comparison of the -C H 3 and -H  columns gives 
the effect of adding a methyl group to a series of 
monosubstituted benzenes. In all cases, the ioniza­
tion potential is reduced with the addition of the 
methyl group, while the ionization potential change 
varies from 0.18 e.v. for aniline to 0.38 e.v. for 
benzene.

A more quantitative method of expressing the 
electron donating properties is by means of reaction

(15) C. K. Ingold, “ Structure and Mechanism in Organic Chemis­
try,”  Cornell University Press, Ithaca, N. Y,, 1953, Chapter 6.
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I onization  P otentials of para-DisuBSTiTUTED B en zenes
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S u b s t i t u e n t
g r o u p NH. OCH, OH CH,

S u b s t i t u e n t  g r o u p  
H Cl Br CN NO,

n h 2 7 . 5 8 7 . 5 2 8 . 1 4 8 . 3 2 8 . 8 5

o c h 3 7 . 5 2 8 . 8 3

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

c h 3 8 . 1 4 8 . 9 7 8 . 9 9 9 . 1 8 9 . 2 1 9 . 2 2 9 . 7 6 9 . 8 2

H 8 . 3 2 8 . 8 3 9 . 1 6 9 . 1 8 9 . 5 6 9 . 6 0 9 . 5 2 1 0 . 0 9 1 0 . 1 8

Cl 9 . 0 7 9 . 2 1 9 . 6 0

Br 9 . 0 4 9 . 2 2 9 . 5 2

CN 9 . 7 6 1 0 . 0 9

n o 2 8 . 8 5 9 . 5 2 9 . 8 2 1 0 . 1 8

rate measurements in terms of Hammett16 cr-values 
or more recently the a +-values of Brown . 17 Figure 
1 shows, in the solid curve, the ionization potentials 
of singly substituted benzenes plotted as a function 
of Brown’s o-+-values. A  reasonably good straight 
line can be drawn through all points except that of 
phenol. N o explanation is available for this dis­
crepancy. The dashed curve of Fig. 1 was drawn 
through data for a set of para-substituted toluenes. 
The ionization potentials of the substituted toluenes 
are plotted as a function of the <r+-value of the 
group added to the toluene. The ionization poten­
tial of toluene with H as the substituent group is 
plotted at a <r+-value of 0.0. The dashed curve 
shows that the effect of the substituent groups on 
the ionization potential of toluene, except for 
cresol, is a linear function of <r+ .

Similar results were obtained for the substituted 
anilines and nitrobenzenes. Slopes of these curves 
were 0.70, 0.75, 0.86 and 0.95, respectively, for the 
anilines, toluenes, benzenes and nitrobenzenes. 
This result indicates that the effect of an additional 
substituent group is reduced as the electron accept­
ing power of the original substituent is reduced.

It is of interest to consider the above data in 
terms of the electrostatic polarization model for 
predictions of ionization potential changes as pro­
posed by Coggeshall.4 This model assumes that 
the change in ionization potential of a compound 
upon addition of a substituent group is given ap­
proximately by the electrostatic polarization energy 
of the added group. For purposes of discussion, 
the process of ionization is considered to proceed 
stepwise as follows: (1) the lowest lying electron is 
removed from the unsubstituted basic compound 
by imparting an energy equal to the ionization 
potential of this molecule; (2 ) the substituent group 
then is placed in its proper position on the mole­
cule; and (3) because of the field of the positive 
charge and the polarizability of the substituent 
group, energy, AE , is removed from the system. 
Thus, the difference in energy of ionization of the 
substituted and original compound equals AE . 
Deviations from linear additivity of substituent 
effects were predicted4 as a result of interactions of 
the induced dipoles.

The electrostatic polarization model, as discussed 
above, always results in a lowering of the ionization 
potential of a molecule by the addition of any sub-

(16) L. P. Hammett, “Physical Organic Chemistry,” McGraw-Hill 
Book Co., New York, N. Y., 1940, Chapter VII.

(17) H. C. Brown and Y. Okamoto, J. Am. Chem. Soc., 80, 4979 
(1958),

stituent group. This obviously is not true as shown, 
for example, by the ionization potentials of benzc- 
nitrile and nitrobenzene in Table I. If, however, 
the effect of dipole moment which the substituent 
group possesses in the neutral molecule is consid­
ered, then reasonable results are predicted by the 
model. The permanent dipole moment can be 
directed either toward or away from the charge 
center. The change in ionization potential from 
the addition of the substituent group now depends 
on the interaction energies between the induced di­
pole and the charge center, and between the per­
manent dipole and the charge center. The sum of 
these energies now can be either positive or negative, 
depending on the relative sizes and directions of the 
two dipoles.

Detailed calculations of ionization potentials are 
not justified by this procedure for several reasons. 
Group moments are measures of not only the dipole 
moment of the substituent group itself, but also of 
the bonds between the group and the ring carbon in 
benzenes. In addition, changes in charge distribu­
tion in the ring of a substituted benzene would 
enter into the resulting group moment. The proper 
selection of the positions of the moments and of the 
charge center also is relatively arbitrary.

However, the qualitative results, obtainable from 
a consideration of this model, are useful and reason­
able. Polarizability effects from the charge center 
in the ion will result in an induced dipole of about
1.0 to 1.5 Debye. A  comparison of the induced di­
pole and the group dipole with respect to magnitude 
and direction for substituted benzenes is necessary 
for estimations of the effect of a substituent group 
on the ionization potential of benzene. Substituent 
groups having group moments in the same direction 
as the induced moments produce a lowering of the 
ionization potential. -C H 3 and -N H 2 with respec­
tive group moments of 0.36 and 1.4818 directed to­
ward the ring carbon to which they are attached 
show — A E ’s with respect to benzene of 0.38 and
1.24 e.v. Group moments of 1.72 and 1.75 for -C l 
and -B r are directed away from the ring carbon; 
i.e ., in a direction to produce a positive AE . How­
ever, the induced dipoles are of approximately the 
same magnitude but of opposite direction and re­
sult in net A E ’s of only +0 .04  and —0.04 e.v., 
respectively, for the -C l and -B r. The -C N  and 
- N 0 2 groups with large group moments directed 
away from the ring produce relatively large in-

(18) A. Weissberger, “Physical Methods of Organic Chemistry,” 
Vol. I, Part II, Interscience Publishers, Inc., New York, N. Y., 1949, 
p. 1641.
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creases in ionization potentials because of the over­
whelming effect of the group moment compared to 
the relatively small induced moments of opposite 
direction.

In disubstituted benzenes the electrostatic model 
makes certain predictions on changes in ionization 
potential with position of the substituent groups. 
In Table III  ionization potentials for the position 
isomers of a number of disubstituted benzenes are 
collected along with the maximum differences be­
tween isomers. Groups with dipoles in the same 
direction, regardless of dipole orientation with re­
spect to the ring, should have ionization potentials 
decreasing in the order: ortho, m eta and para. In 
the ortho position the work required to “ position”  
the second substituent is positive because of the 
repulsion of the two dipoles. In the para  position 
the large distance between the dipoles minimizes 
any interaction energy. Examples of such cases 
from Table II I  are the ionization potentials of the 
toluidines and the benzenediamines which are in 
good agreement with the predicted changes. Al­
though the xylene series can be included in this 
group, the small differences observed are not 
greater than expected experimental error.

T able  III
Ionization  Potentials of D isubstituted  B enzenes in 

e .v .
Compound ortho meta para Maximum A

Xylene 9.04 9.05 8.99 0.06
Cresol 8.93 8.98 8.97 .05
Nitroaniline 8.66 8.80 8.85 .19
Chlorophenol 9.28 9.07 .21
Toluidine 8.38 8.27 8.14 .24
Benzenediamine 8.00 7.96 7.58 .42

The addition of two substituent groups having 
opposite dipole moment directions with respect to 
the ring should result in a minimum ionization po­
tential for the ortho position. In this case, a nega­
tive amount of work is performed in “ positioning” 
the second group. The nitroaniline data of Table 
II I  with an ionization potential of 8 .66  e.v. for the 
ortho isomer, compared to 8.85 e.v. for the para  
isomer, is an example of this type of interaction.
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Measurements at 25° of the equivalent conductances of aqueous cadmium perchlorate solutions of concentrations from 
10-3 to 0.1 N  are reported and values at round concentrations tabulated. The contribution of hydrolysis products to the 
equivalent conductances of these solutions is assessed. An examination of the concentration dependence of the equivalent 
conductances reported in this communication provides no evidence for the incomplete dissociation of cadmium perchlorate 
in dilute aqueous solution.

Introduction
Although the complete dissociation of cadmium 

perchlorate has been assumed in a number of in­
vestigations of ion association in solutions of other 
cadmium salts, there is no record in the literature 
of any studies of the properties of cadmium per­
chlorate solutions designed to test this point. 
For this reason the following study of the equiva­
lent conductances of cadmium perchlorate solu­
tions was undertaken.

Preparation of Solutions.— Two stock solutions of cad­
mium perchlorate were prepared from cadmium oxide and 
perchloric acid. About 20 g. of oxide was agitated in a 
stoppered vessel with an equivalent amount of perchloric 
acid solution. A weighed sample of the resulting solution 
was diluted to about 0.2 A  and the pH of this dilute solution 
determined. In each preparation this pH indicated an ex­
cess of a few hundredths of a per cent, of acid in the stock 
solutions. Sufficient oxide to neutralize this excess was 
added to the stock solution which then was re-agitated. 
Solutions (0.3 A ) prepared from the stock solutions then had 
pH ’s between 4.8 and 5.0. (According to the figure given 
by Marcus2 for the hydrolysis constant of C d+2, a 0.3 N 
Cd(C104)2 solution should have a pH of 4.85.) The concen­

(1) Chemistry Department, Victoria University of Wellington, 
Wellington, New Zealand.

(2) Y. Marcus, Acta Chem. Scand., 11, 690 (1967).

t.ration of the stock solution (equivalents/1000 g.) was 
determined from the weight of the solution and the number 
of equivalents of cadmium per ihlorate present. The number 
of equivalents of cadmium perchlorate was taken as the 
mean of the number of equivalents of oxide and acid used in 
the preparation of this weight of solution. These twro figures 
differed by 0.04% (solution A) and 0.07% (solution B). 
Having regard to the estimated uncertainties in the acid 
analyses ( ±  0.05%) and the possible presence of up to 
0.02% impurity in the oxide, it was considered that these 
differences were not excessive and that the uncertainty in 
the concentration of either stock solution was unlikely to 
exceed ±  0.05%.

Cadmium oxide was prepared from cadmium metal. 
(Purity stated by the makers to be better than 99.98%). 
Cadmium metal w*as dissolved in C.P. nitric acid and the 
resulting cadmium nitrate solution evaporated to drjmess 
and heated to convert the nitrate to the oxide. After evolu­
tion of NO» had ceased, the oxide was heated to red heat in a 
furnace until the weight of the oxide was constant within a 
few parts in 50,000. This oxide contained less than 0.01% 
material insoluble in 2 A  HC104.

Perchloric acid solutions were prepared by dilution of A .R . 
perchloric acid and analyze! by weight titration against 
A .R . Na2C 03 which was dried at 260-270° for half an hour 
immediately before use.

Four or five titrations were made with each of the per­
chloric acid solutions used in the cadmium perchlorate 
preparations. The average deviation from the mean of a 
series of 4-5 titrations was 0 .C 2 to 0.03 % . Two independent
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checks on the accuracy of this analytical procedure were 
made. A solution of approximately 2 M  HC1 was prepared 
and analyzed by weight titration against Na^Cth. A 
second analysis was made by the following method. The 
HC1 was accurately diluted to about 0.05 N, and the specific 
conductivity of this solution was measured and its concen­
tration calculated from the equivalent conductances of Owen 
and Sweeton3 by successive approximations. The two 
analyses of the HC1 agreed within 0.05%. As a second check, 
one of the perchloric acid solutions was reanalyzed by weight 
titration against a sodium hydroxide solution which another 
worker in this Laboratory had standardized by weight titra­
tion against A .R . potassium hydrogen phthalate. These 
two analyses agreed within 0.03%.

The conductance water, which was prepared by two dis­
tillations of tap water in Pyrex stills without any special 
precautions to exclude carbon dioxide, had a specific con­
ductance of 1.0-1.5 X 10-8 ohm-1 cm .-1.

Solutions were prepared by weight dilution of the stock 
solutions with conductance water. For solutions below 
0.019 N, a known weight of conductivity water was placed in 
a flask cell, its specific conductance measured, and the more 
concentrated solution added from a weight pipet. Normali­
ties were calculated from weight concentrations of the solu­
tions via a graph of density vs. composition prepared from 
measurements of the densities of some of the solutions in a 
pycnometer of approximately 10-ml. capacity. Vacuum 
corrections were applied to all weights.

Measurements.— pH measurements were made on a Cam­
bridge pH meter. A Leeds and Northrup bridge of Grinnell 
Jones design was used for the resistance measurements. 
Two types of conductivity cells were used—for solutions more 
concentrated than about 0.02 N, conventional cells with elec­
trodes coated with platinum black; and for more dilute 
solutions, a flask cell with bright platinum electrodes. The 
electrodes in the flask cell were in a separate compartment 
connected to the main flask by a side tube. Both types of 
cell were made of Pyrex glass and had widely spaced lead 
tubes. All resistances were measured at 0.5, 1 and 2 k c./ 
sec., and the resistance at infinite frequency obtained by 
extrapolation. The change in resistance between 2 and 
0.5 kc./sec. was rarely more than 0.1%  for the flask cell and 
0.01 % for the other cells. For the flask cell the resistance at 
infinite frequency was obtained by linear extrapolation of a 
plot of R vs. 1 / /  as measurements of the resistance over an 
extended range of frequencies (0.5 to 20 kc./sec.) showed this 
method of extrapolation to be preferable to the more con­
ventional linear extrapolation of a plot of R vs. 1 /y/f. An 
oil thermostat was used to keep cells at 25 ±  0.002°. Cells 
were calibrated using the 0.1 and 0.01 D  standards of Jones 
and Bradshaw.4

Correction of Results for Hydrolysis.— The
cadmium ion hydrolyzes slightly according to the 
equation

Cd+2 +  H20  CdOH+ +  H + (c/. Marcus2)

Because of this, the observed equivalent conduc­
tivity of a cadmium perchlorate solution will not be 
equal to the sum of the equivalent conductivities 
of the cadmium and perchlorate ions in that solu­
tion. To evaluate this difference the equation 
derived was

a =  degree of hydrolysis of the Cd +2 ion 
Cl — concn. of C 02 in the conductivity water (moles/1.) 
P° =  degree of ionization of C 02 in the absence of cad­

mium perchlorate
/3 =  degree of ionization of C 02 in the presence of cad­

mium perchlorate

In the derivation of this equation the conductivity 
of the solvent is assumed to result partly from the 
ionization of dissolved CO2, and partly from the 
presence of other substances the degrees of ioni­
zation of which are unaffected by the addition of 
cadmium perchlorate. The equivalent conductivi­
ties of the ions present in the solvent are assumed 
to be unaltered by the addition of cadmium per­
chlorate.

Marcus2 has quoted the results of a number of 
determinations of Kh, the equilibrium constant 
for the hydrolysis of the C d + 2 ion. From these 
results it would seem that Kh  is about 1 0 -9  m ole /1. 
Using the following figures

C1 =  3 X  10 “ 6 moles/1.
Kh =  10- * mole/1.
1st ionization constant for C 02 =  4.45 X  10-7 moles/1.
Xh+ =  350 ohm-1 cm.2 g. equiv.-1
kc<i+! =  50 ohm-1 cm.2 g. equiv.-1
XcdOH+ =  50 ohm-1 cm.2 g. equiv.-1
AHcor =  44 ohm-1 cm.2 g. equiv.-1

the data in Table I are obtained.

T able  I
Concn. of CcKClOih (equiv. I.”1) A A (ohm-1 cm.2 g. equiv.-1)

10-3 0.072
4 X  10-3 .055

10-2 .043
4 X  10-2 .027

10-1 .018

The value of 3 X  10-6  for C 1, the concentration 
of C 0 2 in the conductivity, was chosen after the 
following investigations on a number of samples of 
conductivity water all of which indicated figures 
between 2 X  10~6 and 6 X  10-6 : pH measure­
ments made by repeatedly rinsing and filling with 
conductivity water a cell containing glass and 
calomel electrodes, observations of the decrease in 
conductivity effected by removing carbon dioxide 
from the conductivity water, and of the effect upon 
the specific conductivity of small additions (1 0 -6  
to 1 0 -6  m ole/1.) of perchloric acid and sodium hy­
droxide.

For the most dilute solutions used (10~ 3 N ),  
A A varies with C 1 thus

AA =  a ( X”-  +  ^  _  Xod+2)  +

03 -  ri0) fv  ( X° - +  (1)

where

AA Aob». — (Acd+J +  kciOj-)> Aobs = lOOOA'sp.
2 C

C =  concn. of cadmium perchlorate in moles/1.
/Cap. =  obsd. specific conductivity of the soln. after the 

usual solvent correction has been applied 
Ax =  equivalent conductivity of the ion x in this soln.

(3) B. B. Owen and F. H. Sweeton, J. Am. Chem. Soc., 63, 2811 
(1941).

(4) G. Jones and B. C. Bradshaw, ibid., 55, 1780 (1933).

C' =  0 
(T = 1 0 -6 
(71 =  3 X  10- « 
C1 =  6 X 10-8

AA =  0.212 ohm-1 cm.2 g. equiv.-1 
AA — 0.119 ohm-1 cm.2 g. equiv.-1 
AA =  0.072 ohm-1 cm.2 g. equiv.-1 
AA =  0.053 ohm-1 cm.2 g. equiv.-1

These data show that, at worst, errors in the 
value of AA resulting from uncertainties as to the 
true value of C 1 will be no more than about ±  
0.03 ohm -1  cm .2 g. equiv.-1 .

Results
The hydrolysis corrections given in Table I 

have been deducted from all the results recorded 
below. Data for the more concentrated solutions 
are given in Table II.
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T a b l e  II

Concn. (g. equiv. I.-1)
A (Int. ohm 1 cm.5 g. 

equiv.-1) Stock soin.
0 .10101 92.58 B

. 10099 92.54 A

.10094 92.53 A

.09662 92.89 B

.09565 92.98 B

.09281 93.16 A

.08923 93.39 A

.07673 94.53 B

.073847 94.77 A

.064691 95.75 B

.063894 95.82 B

.054329 96.86 A

.052714 97.08 A

.049809 97.52 B

.040161 98.93 B

.038439 99.12 A

.033980 100.04 B

.031664 100.47 B

.030399 100.68 A

.024625 101.98 A

.019245 103.45 A

.013807 105.31 A

.013505 105.48 A

The results for solutions less concentrated than 
0.01 N  will not be given in detail as they may 
be represented within the experimental uncertainty 
by the equation of Shedlovsky6

A'» =  120.80 +  370c (2)
where

=  A +  111.4+7 
1 -  0.4977+ c  

c =  concn. in equivalents/1.
The mean deviation between A '0 calculated from 
equation 2 and A '0 obtained from the experimental 
values of A amounts to 0.06 ohm -1  cm .2 g. equiv . -1  
for 22  solutions having concentrations between 
10 ~ 3 and 10-2  N . In this concentration range the 
equation of Robinson and Stokes6 is almost as

A =  A° - (111.4 +  0.4977 A»)Vc 
1 +  0.40304VC (3)

satisfactory. The mean deviation between ex­
perimental results and equation 3 is 0.08 ohm -1  
cm .2 g. equiv . -1  with & =  6 A. and A° — 120.87.

Results for round concentrations are given in 
Table III. Above 10-2  N  these were obtained 
from a large scale graph of the arbitrary deviation 
function A +  150 y/c, — 150c vs. c, and below 10-2  
N  from equation 2. Depending on whether equa­
tion 2 or equation 3 is used, figures of 120.80 or 
120.87 are obtained for A°. In the absence of any 
great evidence for the superiority of one equation 
over the other it is suggested that A° be taken as

(5) T. Shedlovsky, J. Am. Chem. Soc., 54, 1405 (1932).
(6) R. A. Robinson and R. H. Stokes, ibid., 76, 1991 (1954).

1 2 0 .84. As X°ci0(- =  67.36 at 25°,7 X°Cd+, =
53.5 int. ohm -1  cm .2 g. equiv . -1  at 25°. There 
does not appear to have teen a previous determi­
nation of X°cd +2 at this temperature.

T a b l e  III
Concn. (g. A (Int. ohm Concn. (g. A (Int. ohm -I
equiv. I.“1) cm.5 g. equiv. - 1) equiv. 1. -1) cm2, g. equiv.-1)

0.1 92.64 0.02 103.30
.08 94.21 .01 107.15
.06 96.22 .005 110.45
.04 98.93 .001 115.74

It is thought that for solutions more concentrated 
than 0.02 N  the uncertainties in the experimental 
values of A are not greater than ±0 .05% , the 
estimated maximum uncertainty in the concentra­
tions of the stock solutions. Examination of the 
plot of A +  150 \/c — 150c shows that the average 
deviation of the points from a smooth curve is 
about 0.03 ohm -1  cm .2 g. equiv.-1 , and that most 
of this deviation may be accounted for by assuming 
a concentration error of + 0 .025%  for one stock 
solution and —0.025% for the other. At lower 
concentrations, random errors (about ±0 .03% ) 
occur among the results for solutions prepared from 
a common stock solution. It is, however, con­
sidered improbable that the value of A° obtained 
above and the values of A for solutions below 10-2  
N  calculated from equation 2 are in error by more 
than 0.1  ohm -1  cm .2 g. equiv.-1.

Discussion
The variation with concentration of the equiva­

lent conductances of cadmium perchlorate is 
similar to that of other 2 :1  electrolytes such as 
calcium chloride which generally are considered 
to be completely disassociated in dilute aqueous 
solutions. Below about 0.01 N  the equivalent 
conductivities are represented with moderate 
accuracy by the equation

A = A0 _ (_gi A° +
I + B&Vc

with the physically reasonable value of 6  A. for 
the & parameter. At higher concentrations the 
observed equivalent conductivities become progres­
sively greater than those calculated from this 
equation using the values of A° and & which are 
satisfactory below 0.01 N . Thus the equivalent 
conductivities of cadmium perchlorate give one 
no reason to suspect incomplete dissociation in 
aqueous solutions more dilute than 0.1  N .

Acknowledgments— The author is indebted to 
Professor R. H. Stokes for helpful advice and 
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(7) Cf. Appendix 6.2 of “Electrolyte Solutions,” R, A. Robinson 
a n d  R. H. Stokes, Butterworths, London, 1959.
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The kinetics of the reaction V (III) +  Np(V) — V(IV)  +  Np(IV) were studiedin perchloric acid solutions. The empirical 
form of the rate law is — d[N p(V )]/d f =  [Np(V)J [V(III)] jfci +  ¿°2[Np(IV)] [V(IV)] - I [H +] _1-6j . At 25°, in LiC104-  
HC104 solutions 3.0 M  in total perchlorate, k, =  0.30 M ~l sec.-1, and fc°2 =  0.16 il/"-5 sec.-1. Under these conditions, for 
the ki path AH* =  14.6 ±  0.8 kcal./mole and A<S* =  —12.3 ±  2.6 e.u. The second term of the rate law has been inter­
preted in terms of the rapid equilibrium Np( IV) +  V (III) <=±Np(III) +  V(IV ) followed by the reaction N p(III) +  Np(V) -*■ 
2Np(IV). A comparison has been made between the mechanisms of this and analogous reactions.

The reduction of an MC>2+ ion entails the dis­
ruption of a relatively stable structure, and we 
might expect the mechanism of such reductions to 
be rather complex. In this paper we are concerned 
with the particular reaction
V +3 +  NpO V +  2H + — > VO + + +  N p +J +  HoO (1) 
and with its relation to other similar reactions. 

Experimental
Preparation of Solutions.— The preparation and standard­

ization of the following stock solutions have been previously 
described: N p(IV ),2 N p(III) and (V ),3 perchloric acid, and 
sodium, lithium, lanthanum, and thorium perchlorates.4 
Strontium perchlorate was prepared from reagent grade 
strontium carbonate, followed by recrystallization. The 
vanadium(III) and (IV ) stock solutions -were prepared 
by dissolving ammonium metavanadate in hot, dilute 
sodium hydroxide. This solution was centrifuged and the 
insoluble matter discarded. Hydrated vanadium pentoxide 
was precipitated by addition of perchloric acid. The oxide 
was washed with distilled water and suspended in per­
chloric acid. The suspension was electrolyzed at a plati­
nized platinum cathode under a nitrogen atmosphere using 
a potentiostat6 to control the cathode potential. The 
vanadium(III) was further purified by precipitation of the 
hydroxide under a nitrogen atmosphere, and subsequent 
dissolution in perchloric acid. Although the vanadium- 
(III) solutions were stored under nitrogen at 5°, there was 
slow oxidation by perchlorate ion to yield V(IV ) and C l- .6 
The vanadium solutions were routinely analyzed using a 
Cary Model 14 recording spectrophotometer. The extinc­
tion coefficients of V (III) and V(IV ) were determined at 
25° in 1 M  HC104 using solutions standardized by titration 
with ceric sulfate and potassium permanganate, respec­
tively. Both the permanganate and the ceric sulfate were 
standardized against „National Bureau of Standards arsenic 
trioxide. At 3960 A. the molar extinction coefficient of 
V (III) is 8.48 ±  0.04 and at 7650 Â. that of V(IV) is 17.19 
±  0.09. The absorption at 3960 Â. by V(IV ) was de­
termined to be negligible, and on the basis of the results of 
Furman and Garner6 the absorption by V (III) at 7650 À. 
also was assumed to be of no significance.

All concentrations were corrected for changes in solution 
composition with temperature and are reported in terms of 
moles/1. Unless otherwise indicated all experiments were 
conducted at 25°, and perchlorate was the only anion pres­
ent.

Kinetic Experiments.— Np( V) solutions of the appropriate 
composition were introduced into 2-cm. silica absorption 
cells and were brought to temperature equilibrium after 
being deoxygenated by bubbling in nitrogen for about 30

(1) Based on work performed under the auspices of the U. S. Atomic 
Energy Commission.

(2) J. C. Sullivan, D. Cohen, and J. C. Hindman, J. Am. Chem. 
Soc., 76, 4275 (1954).

(3) J. C. Hindman, J. C. Sullivan, and D. Cohen, ibid., 80, 1812 
(1958).

(4) J. C. Sullivan, A. J. Zielen, and J. C. Hindman, ibid., 82, 5288 
(1960).

(5) P. Wehner and J. C. Hindman, ibid., 72, 3911 (1950).
(6) S. Furman and C. S. Garner, ibid., 72, 1785 (1950).

min. The reaction was initiated by the introduction of the 
V (III) and the progress of the reaction was monitored by 
use of either the Np(V) band centered at approximately 
9800 Â. or the Np(IV) band centered at 9600 À. The same 
rate constants were obtained whichever peak was followed. 
Small corrections were made for interference by other 
species. Since the extinction coefficients of the Np(V) 
were particularly sensitive to solution composition, they were 
evaluated for each experiment. Temperature was con­
trolled to ±  0.1 ° in the cell compartment of the spectropho­
tometer.

Equilibrium Experiments.— Deoxygenated N p(IV ) solu­
tions of the appropriate composition were brought to 
temperature equilibrium in the absorption cells. A known 
amount of V (III) then was added and the change in the 
9600 A. band of the Np(IV) was measured. Equilibrium 
appeared to be attained within the time of mixing the solu­
tions and placing them in the spectrophotometer.

Results
Stoichiometry.— Under most conditions the stoi­

chiometry of the reduction of NpÛ2+ by V +s 
corresponded to reaction 1 , which goes to comple­
tion. However, if the acidity was less than 0.5 M , 
and only small amounts of V O ++ were present, 
measurable quantities of N p + 3 were produced by 
the rapid equilibrium

H20  +  V +3 +  Np+4 T- - VO + + +  Np+3 +  2H+ (2)

which we have measured directly. Values of the 
equilibrium constant, K ,  are given in Table IV. 
Whenever necessary, the kinetic data have been 
corrected for the effects of this equilibrium.

Rate Law.— In 3 M  HC104 the reaction followed, 
to more than 90% of completion, the bimolecular 
rate equation

AW =  (A — B ) “ > l n ^  (3)

where A  and B  are the initial concentrations of the 
reactants and a and b are their concentrations at 
time t. Values of k\,m were determined graphically. 
In all of these experiments a small amount of VO + + 
was unavoidably introduced with the V + 3. This 
initial V O ++ concentration was almost always less 
than the initial concentrations of the reactants; 
however the rate was not affected appreciably 
when much larger quantities of VO++ were added. 
The reaction rate also was unchanged by the 
presence of 0.01 M  C l-  or of 0.001 M  H S 04- . 
It is most unlikely that chloride or sulfate in excess 
of these amounts would ever be present as an im­
purity.

At lower acidities the reaction deviated from 
equation 3, the slope At m increasing with time. 
The deviations became progressively more severe
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as the acidity decreased, but they were reduced 
when the VO++ concentration was increased. At 
these acidities addition of Np(IV) markedly ac­
celerated the reaction. The following rate lawT 
was postulated

— d[N p02 +] 
df [NpO-V] [V +3] ] Æi +  Ä2 [ (4)

If this law is valid, a plot of ( —d[NpO2+]/d0/ 
[Np02+J[V+3] vs. [Np+4]/[VO++] should be linear, 
with intercept k, and slope k2. This relation for a 
typical experiment is illustrated in Fig. 1. The 
values of — d[NpO»+]/di were determined from a 
plot of [Np+4] vs. time with the aid of a Gerber 
“Derivimeter” (Gerber Scientific Instrument Co., 
Hartford, Connecticut).

In some experiments the ratio [Np+4]/[VO++] 
was held nearly constant throughout the reaction, 
either by making its initial value equal close to 
unity or by making the initial Np+4 and VO + + 
concentrations so large that they were not greatly 
altered by the production of these species in the 
course of the reaction. In such cases the reaction 
followed equation 3 with kbm replaced by kx +  
fc2[Np+4]/[VO++]. Then k2 was evaluated by 
combining the slope of a logarithmic plot of equa­
tion 3 with the value of kx determined in the same 
medium in the absence of Np+4. When small 
variation in the [Np+4]/[VO++] ratio during a 
reaction caused slight deviations from equation 3, 
the mean slope of the plot at about the first half­
time was used.

A similar method was applicable to experiments 
in which no Np+4 and little VO++ were present 
initially. In such experiments the ratio [Np+4]/ 
[VO++] quickly approached a limiting value, and 
k2 could be determined from the final limiting slope 
of a logarithmic plot of equation 3 and an inde- 
pently measured kx.

In experiments in which the second term of equa­
tion 4 was not too important, kx could be deter­
mined most accurately from the initial slope of a 
logarithmic plot of equation 3. The data on kx 
are summarized in Tables I-III and in Fig. 2. 
This constant appears to be essentially independent 
of acidity.

Fig. 1.— Determination of a  and fo for a typical experi­
ment. Initial concentrations [H +] =  0.132 M ; [Np02+] 
=  1.63 X 10" 3 M ; [V+3] =  7.54 X 10“ 3 M ; [VO + +] = 
2.43 X 10 “ 3 M ; [LiC104] =  2.9 M. From the plot k, =  
0.315 and fe =  4.6 (M )~ l (se c .)-1.

T a b l e  III
T e m p e r a t u r e  D e p e n d e n c e  o f  kx i n  0.37 M  HC104 a n d

T h e r m o d y n a m ic  Q u a n t it ie s  o f  A c t iv a t io n “
t [LÌCIO4 ] h A F* AH* AS*

15.05 0.0141s!
25.00 .0377 > 19.40 db 0.03 15.6 =b 0.7 -1 2 .6  d= 2.2
34.97 .0892 7

15.05 2.6 .112'|
25.00 2.6 .268 > 18.23 ±  .03 14.6 =fc .8 - 1 2 .3  =fc 2.6
34.97 2.6 .615;

“  AH *  a n d  A S * w ere ca lcu la te d  b y  leas t squares an a lys is
of the data. The uncertain lies quoted are the 95% con­
fidence level values resulting from the analysis. The un­
certainties in AF* were estimated from the experimental 
scatter.

T a b l e  I
M e t a l  I o n  D e p e n d e n c e  o f  kx i n  3.0 M  HC104

Initial concentration X  103
[NpOî + ] [V+3] kt, (M) "I (sec.) -
1.11 1.51 0.333
1.10 7.3 .355
1.10 0.76 .325
1.55 6 .8 .362

Av. 0.344 ± 0 .0 9

T a b l e  II
A c id  D e p e n d e n c e  o f  kx a t  3.0 M  [CI04 ]
Inert salt [H + ] kt

3 .0 0 .3 44

LiC104 1 .0 .265
0 .3 7 .269
0 .1 3 .260

NaC104 1.0 .184
0 .3 7 .144
0 .1 3 .112

In Fig. 3 and 4 we have plotted log j— kx — 
(d[Np02+]/df)/[Np02+] V+3]} vs. log {[Np+4]/ 
[VO++]} for experimerts in several media. If 
our rate law is correct these plots should be linear, 
with a slope, X, of unity, and with ordinate equal 
to k2 when log {[Np+4]/[VO++]} = 0.

The plots have been itted by a weighted least 
squares analysis to giv3 the best straight lines. 
The resulting values of k2 and X appear in Table IV. 
If we set k2 = fc20[H+]* we see that h =  —1.6 in 
lithium perchlorate and —1.35 in sodium per­
chlorate. The other entries in Table IV will be 
discussed subsequently.

Discussion
Equation 4 is consistent with the mechanism

ki
N p02 + +  V +3 — YO + + +  NpO + + 

rapid
2H+ +  NpO + + Np+4 +  H20

(5)

(6)2H+ +  NpO



444 E. H. Appelman and J. C. Sullivan Vol. 68

T a b l e  IV
Low A c id  R e a c t io n  P a t h “

Inert Æn, fa, (AT) -> (sec.)-1
Obsd.salt H + ( M) (aec.) "• K X 10* X Obsd. Caled.

LiC104 0.13 0.35 ±  0.04 6.2 ±  0.4 0.88 ±  0.06 3 .6  ± 0 . 3 1.3 ± 0 . 2 - 1 . 6
LiC104 .37 .50 ±  .06 6.2 ±  .4 1.16 ± .10 0.67 ± .05 0.23 ±  .03
NaCIO* .13 .15 ±  .02 6.7 ±  .6 1.00 ± .04 1.15 ± .06 .59 ±  .09 - 1 .3 5
NaC104 .37 .25 ±  .03 6 .7  ±  .6 1.26 ± .11 0.28 ± .02 .12 ±  .02

Caled.

- 1 .6 5

- 1 . 5

° At 25° and [CIO*- ] =  3.0 M. Values of kn were determined from direct measurements of reaction 7 in solutions ~ 5  X 
10-4 M  each in N p(III) and Np(V). Values of K , the equilibrium constant of reaction 2, also were measured directly in 
solutions 0.008-0.017 M  in V (III), 0.001-0.002 M  in V(IV ) and 0.002 M  in total neptunium. Between 0.1 and 0.5 M  H + 
the equilibrium displayed the proper hydrogen ion dependence for reaction 2. The uncertainties_quoted for X and &2 (ob­
served) are the standard deviations determined in the least squares analysis. The other uncertainties are estimated from 
the experimental scatter.

Fig. 2.'—Salt dependence of k,. Initial concentrations: 
[N p02+] =  1 .55-1 .8  X 1 0 M ; [V +s] =  6 .8 -8 .2  X  lO“ 3 
M ; [VO + +] =  0.016-0.019 M ; [H+] =  0 .36-0 .37M except 
when HC1 or HC104 is the added electrolyte. Added elec­
trolyte: O, LiC104; • , NaC104; A, HC104; n, Sr(C104)2; 
0, La(C104)3; ■, Th(C104)4; a , HC1.

rapid
H20  +  V +3 +  N p+4 \  —> V O ++ +  N p+3 +  2H + (2)

Np(V) +  N p(III) 2Np(IV) (7)

where k^ is the rate of disappearance of Np(III) 
in reaction 7. If K  is the equilibrium constant 
for reaction 2, we observe that
— d[NpQ2+] 

d t =  [N p02+][V +3] ]ki + k* g [N p +4] )
[H+HVO++1S (8)

Hence
fc2 =  fcNA7[H +]2 * * (9)

We have measured kn and K  directly in these 
media and have calculated /c2 from them. The 
measured and calculated fc2 values are compared in 
Table IV. The measured values can be seen to 
be consistently some two to three times the calcu­
lated ones. The reason for this is not clear. 
The extensive scatter of our data suggests that 
catalysis by impurities may be causing trouble.

Both observed and calculated fc2 values show 
roughly the same H+ dependence, corresponding 
to a direct 0.35-0.65 power dependence of fcN on 
hydrogen ion. Hindman, et al.,s studied reaction

Fig. 3.'—Low acid path in LiC104 solutions with 3.0 M  per­
chlorate: O, 0.13 Af HC104; A , 0.37 M  HC104.

7 in 2 M  perchlorate and found a direct first power 
hydrogen ion dependence.

The mechanism indicated in equations 5, 6, 2, 
and 7 is similar to that recently elucidated for the 
reduction of Fe(III) by V(III),7 for which is postu­
lated the reaction sequence

k
Fe(III) +  V (III) — Fe(II) +  V (IV ) (10) 

rapid
Fe(III) +  V(IV ) ~ ~  >  Fe(II) +  V (V ) (11)

V (III) +  V(V ) -% ■  2V(IV) (12)
However, these workers were unable to measure 
directly kb, the analog of our kN.

Figure 2 indicates that kx is more dependent 
upon perchlorate ion concentration than upon 
ionic strength. The straight line in the figure 
corresponds to the empirical equation

log h  =  log (0.026) +  0.36[C104—] (13)
Equation 13 is not obeyed in thorium or sodium

(7) W. C. E. Higginson, D. R. Rosseinsky, J. B. Stead, and A. G.
Sykes, Discussions Faraday Soc., 29, 49 (1980),
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perchlorate solutions over 1 I  in perchlorate. 
In the former ki is abnormally high, while in the 
latter it is abnormally low. Since several different 
NaC104 and Th(C104)4 preparations gave similar 
results, it seems unlikely that impurities were at 
fault. From Table IV we see that the N p(III)- 
Np(V) reaction is also much slower in sodium than 
in lithium perchlorate solutions. These observa­
tions emphasize the need to consider specific ion 
effects on reactions studied at high ionic strength.

The marked acceleration of the reaction by 
chloride seems too great to be attributed to a 
“medium” effect and probably represents a chlo­
ride-dependent reaction path.

Table V summarizes the kinetic data on the re­
duction of M 02+ ions by a number of one-electron 
reductants. With the exception of the Np(III)- 
Np(V) reaction and the disproportionation of 
U(V), each of which has a very large thermo­
dynamic driving force, the reactions proceed rela­
tively slowly. This is not surprising in view of the 
major structural changes involved.

T a b l e  V
O n e -e le c tr o n  O x id a t io n - R e d u ction  R e a c t io n s  I n­

v o l v in g  D e str u c tio n  o f  t h e  M 0 2 + St r u c t u r e
Reaction

N p (III) +  N p(V) —  
2N p(IV )6

V (III) +  N p(V) ------3
N p(IV ) +  V (IV )

Fe(II) +  N p(V) ------5
N p(IV ) +  Fe(III) 

P u (III) +  Pu(V) -----

Rate,0 M/sec. Ref.

40 [NpO* +] [Np +8] [H +] 3

0 .06  [N p02+] [V +8] This work

.08 [NpOs+] [Fe + +] [H +] 8

2Pu(IV) .04 [PuO!+nPu+»J[H+] 9, 10
Np(IV)-Np(V) exchange I0-‘ [NpOi+p[H+] 2
2Np(V) —1 

Np(VI)
► Np(IV) +

10-* [NpOîUUH+p 11
2U(V)---

U(VI)
U(IV) +

140 [UOj + p[H+] 12
2Pu(V) --- 5

Pu(VI)
► Pu(IV) +

0.004 [PuOi+PlIiq 13
«A t 250 in perchlorate medium. Unless otherwise

specified, [CIO,-] =  1 iff. 6 [CIO,-] =  2 iff.

The V(III)-Np(V) reaction differs from the 
other reactions listed in Table V in that the rate 
law does not exhibit a positive hydrogen ion de­
pendence. This may be understood if we assume 
the following mechanisms to be typical 

For the disproportionation of Np(V)
fO  H

2N p02+ +  2H + — ^ N pO N pO H
Lo

N p02 + + +  Np(OH)2++ (14) 
rapid

Np(OH)2++ +  2H + 7  > N p+4 +  H20  (15)

(8) J. R . Huizenga and L. B. Magnusson, J. Am. Chem, Soc., 73, 
3202 (1951).

(9) S. W. Rabideau, ibid., 7S, 798 (1953).
(10) S. W . Rabideau, ibid., 78, 2705 (1956).
(11) J. C. Hindman, J. C. Sullivan, and D . Cohen, ibid., 76, 3278 

(1954).
(12) L. J. rieidt, ibid., 76, 5962 (1954).
(13) S. W . Rabideau, ibid., 79, 6350 (1957).

Fig. 4.— Low acid path in N a Q 0 4 solutions with 3.0 iff per­
chlorate: O , 0.13 i f f  HC.Ou A, 0.37 i f f  HCIO,.

for the reaction between Np(III) and Np(V)
r  H 1 * + 5

N p + 3  +  N p02+ +  H+ — LONp O NpJ — >-
NpOH + 3 +  N pO ++ (16)

rapid
H + 4- NnOH +3 7  >  N p + 4 4- H ,0  (17)

rapid
2H+ +  N pO ++ ~  > N p +4 +  H20  ( 6 )

and for the reaction of Np( V) with V(III)
V + 3  +  N p02+ -— >- [O Np O V ] * + 4 — >

VO ++ +  NpO++ (18)

or
r  H  -|*+4

V + 3 + N p02+ + H20  — >- L 3 Np O V OH J — >
V;O H )2+ + +  N pO ++ (18')

followed by reaction 6.
Only in the case of reactions 18 and 18' is the 

bridging group incorporated into a stable product. 
In the other cases the hydroxo-bridged activated 
complex leads to intermediate products which are 
closer to stability than would be those formed 
from an activated complex containing no hydrogen. 
The resulting decrease in the activation barrier 
presumably more than compensates for the cou- 
lombic effect of the added charge. In equations 
18 or 18', however, add.tion of a proton to the 
activated complex would lead to formation of the 
unstable intermediate VCH+3.
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THE RELATION BETWEEN LYOTROPIC AND SPECTROSCOPIC 
PROPERTIES OF ANIONS IN SOLUTION

B y  D a n  M e y e r s t e in  a n d  A v n e r  T r e in in
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Anionic effects on the charge-transfer absorption band of I -  were studied in detail. The results indicate that the spec­
troscopic effects of the added anions depend mainly on their power to desolvate the test ion I - . Thus a correlation is pre­
sented between the spectroscopic and lyotropic series, with the halides forming a separate group. The mechanism of the 
anionic effect on this type of spectra (C.T.T.S. spectra) is discussed and some evidence is brought in favor of the continuous 
medium approximation which involves the ionic cavity radius as a variable.

The absorption spectrum of I -  in solution is 
relatively very sensitive to environmental effects, t 2 
This property seems to characterize spectra which 
originate from a charge transfer to the solvent 
(C.T.T.S.).1 2 Through a study of such effects it is 
possible to derive information on the nature of the 
electronic transition involved and on the structure 
of the medium. For this purpose ionic effects seem 
to be of particular interest. Some work of this 
kind already was carried out,2 indicating specific 
effects of both cations and anions. This work 
was limited by the short wave length spectral region 
studied, where many anions strongly absorb. To 
overcome this difficulty we investigated the onset 
of the absorption band of I -  (260-270 m/x), on 
which we could test the effects of about 15 dif­
ferent anions of various types and valence. The 
sodium ion thus introduced was shown to have 
only a small effect,2 and thus a scale of anionic 
effectiveness on C.T.T.S. spectra is established and 
discussed.

Experimental
Spectrophotometric measurements were carried out with a 

Hilger Uvispeck spectrophotometer using a thermostated 
cell compartment. The temperature was kept constant at 
20 ±  0.5°. One-cm. silica cells were used. Only fresh solu­
tions were taken for the measurements. The absorption at 
288 mm, where I3_ has its maximum absorption, was checked 
first to confirm that no autooxidation occurred. Any solu­
tion showing an optical density larger than 0.01 at this wave 
length was discarded.

Solutions of the added electrolytes, the effect of which was 
to be tested, first were prepared at the appropriate con­
centrations. To each of these an accurately weighed quan­
tity of K I was added, so as to obtain 5 X 10 “ 2 M  K I. 
This procedure brings about only a negligible change in the 
relatively high concentration of the electrolyte solution, so 
that another portion of it could serve as a reference solution. 
Special procedures were used for preparing the concentrated 
KI solutions and the H + containing solutions. To avoid 
.■autooxidation in these cases a special vessel was used. This 
consisted of an all-quartz Thunberg-type tube, the lower 
¡branch of which formed the spectrophotometer cell (manu­
factured by Messrs. Thermal Syndicate Ltd., Wallsend). 
T o  obtain the concentrated K I solution, an accurately 
■weighed quantity of KI was introduced into the upper 
branch of the vessel, which then was weighed, water was in­
troduced into the lower branch, the vessel evacuated using a 
¡rotary oil pump, weighed again to determine the exact 
¡quantity of water present, and finally the K I was dissolved 
fin it. The spectrophotometer cell had a 9-mm. silica spacer 
¡inside so that the effective optical path was only 1 mm. 
After performing the spectrophotometric measurement the 
density of the solution was determined, using an ordinary 
pycnometer. For preparing H + containing solutions (e.y., 
NaHS04) a simpler procedure was used, since the quantity

(1) M . Smith and M. C. R. Symons, Trans. Faraday Soc., 5 4 ,  338 
(1958).

(2) G. Stein and A. Treinin, ibid., 5 6 ,  1393 (1960).

of K I then was much smaller. This was essentially similar 
to the ordinary procedure described at the beginning but the 
dissolution of K I was carried in the vessel under vacuum. 
The evaporation of water during evacuation was negligible. 
In this case no spacer was used and no density measurements 
determined.

Materials used were of the purest grade available, mostly 
A .R . The water was redistilled from alkaline perman­
ganate and then from dilute phosphoric acid in an all-glass 
still.

Results
The Effect of Added Electrolytes.—In the

presence of all the added electrolytes studied in this 
work, the onset of the absorption band of I -  is 
shifted to the ultraviolet. This is shown for the 
halides in Fig. 1, the results summarized in Table
I. Av represents the average shift in wave number 
corresponding to the same extinction coefficient. 
When available the shift of the maximum also is 
recorded. In these cases it is evident that the 
shift of the maximum is nearly equal to that of the 
onset and that the height of the band does not alter,2 
i .e . , that the whole band undergoes an almost paral­
lel shift to itself (a small broadening effect is 
noticed in NaCl and Na2S0 4  solution). In other 
cases, when the position of the maximum is un­
known, an analytical method was adopted in order 
to examine the shape of the absorption band. This 
band already was shown to possess a Gauss error- 
law shape,3 but its “precision index” was not de­
termined. From our results at 20° we derived the 
expression

log E =  —7.126 +  2 log (» m a x  — ") (1)

where E  =  log 6max/e, e and emax are the molar 
extinction coefficients at a given frequence v anc 
at the maximum vmax, respectively. The values of 
cmax and ¿¡max of dilute I solution are 1.37 X 104 
mole- 1 1. cm.-1 and 4.427 X 104 cm.- 1 , respectively, 
both these values and the “precision index” being- 
temperature dependent. Equation 1 represents 
the observed extinction coefficients of the long wave 
length branch of the band within less than 5%. 
The other branch is partially overlapped by the 
second absorption band.

Using this equation we could examine the shape 
of the absorption band in such solutions where 
only the onset could be measured. This was done 
by first assuming that the band shifts parallel to 
itself, i.e., emax is not altered and Av at the maximum 
is the same as that, observed at the onset. Then 
we tested whether the observed extinction coef­
ficients could be computed by using eq. 1 with the

(3) T. R. Griffith and M. C. R. Symons, ibid., 56, 1125 (1960).
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T able I
S p e c t r a l  S h if t , A P CM. 1 ( 1 1 5 ), a s  a  R e s u l t  o f  A d d in g  E l e c t r o l y t e s  a t  D if f e r e n t  C o n

In parentheses the shift of the maximum is presented2
Electrolyte 0.5 M 1 M 2 M 3 M 4 M

KF 210 400 6 3 5 (6 6 5 )
NaCl 125 (1 4 5 ) 2 4 5 (2 8 5 ) 3 15
NaBr 45 ^ 7 5 Broadening
KI ------90
KOH 165 355 680
NaOH 165 295 595
NaCKh 105 195 3 6 0 (3 7 0 ) 7 2 5 (7 3 5 )
NaClOs 110 210 365 7 5 5
CH3C 02Na 120 230 445
HCCbNa 120 230 425
NaCN 2 70 475 965
NaHS04 165 335
Na2S04 180 3 1 0 (3 4 0 ) 6 0 0 (7 0 5 )
NaH2P 04 400 610
Na2H P04 165 325 610
Na3P 04 180
KNa tartrate 185 355
Na3 citrate 220 450

8 M
1 60 0 (1 5 3 0 )

appropriate pmax. Agreement between calculated 
and observed data appears to indicate the validity 
of the assumption. Table II exemplifies the use of 
this method for the case of 0.5 M  sodium citrate.

T able  II
C alculated  and  E xper im ental  M olar  E xtinction  C o­
efficien ts  of 5 X  1 0 ~ 2 M  K I  in 0 .5  M  Nas C itrate at  2 0 °

A, m/i
(Pmax — p) X 103, 

cm. -l
e, 1. mole-1 

Calcd.
1 cm. -1 

Expt.
268 7 .1 7 7 1 .9 3 1 .9 5
267 7 .0 3 7 2 .7 0 2 .7 5
266 6 .8 9 6 3 .8 0 3 .8 0
265 6 .7 5 4 5 .2 9 5 .2 5
264 6 .6 1 1 7 .3 5 7 .2 0
263 6 .4 6 7 10.20 1 0 .3 0
262 6 .3 2 2 1 4 .0 7 1 4 .1 5
261 6 .1 7 6 1 9 .2 0 1 9 .4 0
260 6 .0 2 8 2 6 .2 0 2 5 .7 5

Using this method we confirmed that in most 
of the solutions studied the shape of the absorption 
band hardly changes. In concentrated NaBr 
solution, a distinct broadening was detected, 
which already could have been observed at the 
onset.

Spectra of Concentrated Halide Solutions.—
Raising the concentration of KI, KBr, and NaBr 
solutions results in a non-parallel shift of their own 
spectra to longer wave lengths, the iodide showing 
a larger effect. The case of KI is illustrated in 
Fig. 1. On the other hand under the same treat­
ment the spectrum of Cl“ (KC1) suffers a blue 
shift. These results are in agreement with those 
of an early work.4 Taking into account that raising 
the concentration of KI results in slightly shifting 
its own peak to the ultraviolet,5 we conclude that 
the iodides and to a smaller extent the bromides 
suffer a concentration-broadening effect. In the 
case of Cl“ this effect is probably small and is 
masked by its own relatively large blue shifting

(4) H. Fromherz and W. Menschick, Z. physik. Chem., B7, 439 
(1930); H, Diamond and H. Fromherz, ibid., B9, 289 (1930).

(5) G.. Stein and A. Treinin, unpublished results.

Fig. 1.— The onset of the absorption band of 5  X 10 “ 2 M  
KI alone, O, and in presence o f  2  M  of the following salts: 
NaBr, + ;  NaCl, • ; KF, □ ; dashed line, 1 M  K I alone.

effect, so that there is a net shift of the whole band 
to the ultraviolet.

Anionic Specificity.—The effects of the various 
anions on the spectrum of 1“ display a pronounced 
specificity. Thus at the same molarity the effect 
of citrate is almost ten-fold larger than that of 
bromide. It will be found convenient to divide 
the anions into two gioups: (a) The halides::
their effect is relatively small, the sequence is 
F“ > Cl-  > Br_ > 1 “. OH“, which is isoelec- 
tronic with F” and is similar to it in many respects, 
may be grouped here between F“ and Cl“, (b) 
The complex anions: they exert larger effects, the 
sequence is citrate > tartrate > P04 >
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Fig. 2.— Correlation between spectral shifts and lyotropic 
numbers.

hpo4— > so4— > cn->  ch3co2-  > hco2->  
h2po4->  C103->  cio4->  hso4-.

Discussion
Our results generally confirm the conclusion, 

derived in a previous work,2 that the absorption 
band of I-  retains its shape in the presence of con­
centrated alkali and alkaline earth salts. The 
small broadening noticed in some cases probably is 
a Stark effect caused by the perturbing electrical 
fields due to the cations in the proximity of the 
absorbing anion. On the other hand, the rela­
tively large self-broadening effect appears to be 
mainly a resonance effect, probably originating 
from dipole-dipole interaction between transitions 
in similar halide ions, which temporarily manage 
to approach each other quite closely. This inter­
action being proportional to the square of the 
transition moment (i.e., proportional to the in­
tensity of transition) thus should follow the order6 
I-  > Br-  > Cl- , in agreement with the experi­
mental results. The ion Br- , which of all other 
anions most nearly resembles I- , may derive its 
broadening effect on the spectrum of I-  from this 
mechanism.

The Anionic Effect and the Lyotropic Series.—
It already was suggested2 that the ionic effects on 
the spectrum of I-  are mainly due to their in­
fluence on its solvation properties. The few anions 
then tested indicated a close relation between their 
spectroscopic effect and their desolvating or “salt­
ing out” properties. The relatively large effect 
of non-electrolytes as glucose and sucrose also 
appears to establish this relation. Now it gets 
further support from the present results. Thus, 
■with some irregularities, the “blue-shifting” effect of 
the anions run almost parallel to their desolvating 
power. The order observed is nearly that dis­
played by the lyotropic (Hoffmeister) series, which 
generally is arranged in the order
citrate >  tartrate >  S04—  >  CH3CO2-  >  Cl-  >  C10»- >  

B r " >  I -
A quantitative expression of the position of the 
ions in the lyotropic series was provided by the 
scale of lyotropic numbers (L.N.).7-9 This number 
is essentially a measure of the power of an ion to

(6) The oscillator strength of the first optical transition of the halide 
ions in water is: 1“, 0.47; Br” 0.27; Cl“, 0.09. See ref. 23.

(7) E. M. Bruins, Proc. Acad. Sci. Amsterdam, 35, 107 (1932).
(8) A. Voet, Chem. Revs., 20, 169 (1937).
(9) D. F. C. Morris, J. Inorg. & Nudear Chem., 6, 295 (1958); 

Rec. trav. chim., 78, 150 (1959).

bind water to itself at the expense of hydrated 
colloids in solution, thus causing their flocculation. 
But apart from playing a prominent role in col­
loid chemistry the L.N. have a bearing on many 
properties of ions in solution, not concerned with 
colloids.8'10 The general features of the phenomena 
related to the lyotropic series establish its connec­
tion with the solvation properties of the ions. This 
is clearly shown by the linear correlation found 
between the heat of hydration of the ions and their
L.N.9

In Fig. 2 the spectroscopic effect is plotted against 
the L.N. at three different concentrations. Only 
the ions of group (b) are included, as those of the 
second group fall much below the straight lines 
thus obtained. The L.N. of only a few anions are 
available. The flocculation method when applied 
to some other ions, in particular those which are of 
non-neutral character (e.g., HP04 and tartrate), 
gives conflicting results, so that no L.N. were 
assigned to such ions. Using our spectroscopic 
data, with the aid of Fig. 2, we are able to estimate 
these numbers. For example, the lyotropic num­
ber estimated for HP04-  is approximately 1, 
while the flocculation method gives the values 0.6 
(gelatin) and 3.0 (agar).11 The three straight 
lines in Fig. 2 intersect at a point on the L.N. 
axis. This point corresponds to an hypothetical 
sodium salt which does not shift the spectrum of I-  
at any concentration. The viscosities of electro­
lyte solutions behave in a similar way.12

These results indicate that it is more proper 
to state that the halides depart from the general 
regularity than the contrary, as was done prev­
iously,2 when besides the halides only C104-  was 
tested. In the halide-group itself the same law 
is observed—the smaller the lyotropic number the 
larger the effect—though the correlation is far 
from linearity. The reason for this separation 
into two groups still is obscure, indicating that 
there is an additional factor which has to be taken 
into account in the case of spectroscopic effects, 
probably a structural factor.

The Mechanism of the Anionic Effect.—-In a 
previous work2 an expression was derived which 
relates the transition energy of C.T.T.S. spectra 
to three variables: the optical and statical dielectric 
constants and the radius of the ionic cavity. If 
only the macroscopic dielectric constants are 
taken into account the calculated values of spectral 
shifts are of the correct sign but appreciably smaller 
than those observed and—what is more important— 
they do not reflect the observed ionic specificity 
(e.g., they predict a reverse order in the halide 
group). Now it is evident that this specificity is 
related in some way to the solvation state of the 
ions. In order to explain this relation it was 
assumed previously that up to a certain stage the 
impoverishment of the solvation layer of I-  
brings about a contraction of the ionic cavity, and 
hence a lowering of the energy of the ground state.2 
No direct experimental evidence was presented 
for this contraction. To provide such evidence it

(10) J. W. McBain, “Colloid Science,M D. C. Heath Co., Boston, 
Mass., 1950, Chap. 9.

(11) These values were estimated from Figs. 1 and 2, ref. 8.
(12) J. H. C. Merckel, Kolloid Z., 73, 67 (1935).
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is important to determine the partial molar volumes 
at infinite dilution (F°) of one electrolyte in the 
presence of a relatively high concentration of 
another electrolyte. As far as we know the only 
available data of this kind was presented by 
Wirth.13 Table III records his results for KC1 and 
KBr in NaCl solution.

T a b l e  III
P a r t ia l  M o l a r  V o l u m e s  V °  a t  I n f in it e  D il u t io n  o f  
KC1 a n d  KBr in  W a t e r  a n d  in  NaCl A q u e o u s  S o l u t io n  

a t  2 5 °

a  a n d  B are  th e  ca lcu la te d  p a ra m e te rs  o f  e q . 2  
F°

Medium KCl KBr a B
h2o 26.74 33.97 1.227 10.99
0.16 TV NaCl 27.89 35.03 1.226 9.77

.35 N  NaCl 28.46 35.43 1.217 8.48

. 62 N  NaCl 29.18 36.11 1.214 7.49

The increase of the partial molar volume of 
KC1 and KBr in the presence of NaCl, relative to 
that in pure water, does not indicate an enlarge­
ment of the ionic cavities. One has to consider 
the effect of added salts on the électrostriction. 
V° is the sum of two factors, one representing the 
actual volume occupied by the ion, while the other 
is from the électrostriction of the medium. 
Hepler’s equation14 was modified16 to give the ex­
pression for Ÿ 0 °f a uni-univalent electrolyte

____ Ÿ1____  =  f  rN a , r .L ± r S .
1 /r o + l /r A  3 1 / r .+  l / r A

B
a (2)

where r0 and rA represent the crystallographic 
radii of the cation and anion, respectively. This 
expression, which is based on the assumption that 
at the same conditions a  and B  are constant for 
ions both positive and negative (at variance with 
Hepler’s treatment), was shown to be valid for a 
large group of electrolytes in aqueous solution and 
also in several organic solvents.16 This equation can 
be solved for B  and a  by inserting the values of 

for any pair of electrolytes. Assuming its 
general validity and using the experimental data 
we thus obtained the values of B  and a  and in­
cluded them in Table III. We observe that there 
is a gradual decrease of both a  and B  with increase 
of NaCl concentration. The rather strong de­
crease of B  probably is due partly to the decrease 
in the compressibility of the solvent which ac­
companies the solution of an electrolyte.17 As to 
the effect on a it is qualitatively in accord with the 
mechanism suggested for the spectroscopic effect. 
The ionic cavity radius r0 is related to the crystal­
lographic radius r by the equation r0 = a r . Using 
the general expression for h v2 we obtained an ex­
pression for the variation of h v  with a

A (hv)
0 , 7 7 e 2A q

a ’r (3)

Inserting the calculated values of a we obtained 
values of A (hv) which though higher than the ex-

(13) H. E. Wirth, J. Am. Chem. Soc., 59, 2549 (1937); 62, 1128 
(1940); 72, 5292 (1950).

(14) L. G. Hepler, J. Phys. Chem., 61, 1426 (1957).
(15) J. Jortner, J. Chem. Phys., 30, 839 (1959).
(16) J. Jortner and A. Treinin, unpublished results.
(17) R. E. Gibson, J. Am. Chem. Soc., 57, 284 (1935).

perimental values are of tie correct order of magni­
tude. For example in 0. 32 M  NaCl the spectral 
shift thus calculated is about 350 cm.-1, while the 
observed shift is about 100 cm.-1.

The above treatment is based on the continuous 
medium model first presented by Franck and 
Platzman18 and modified to include the cavity 
radius as an additional variable.19 A satisfactory 
molecular picture of the excited state of C.T.T.S. 
spectra has not yet been given. Any model of this 
kind should take into account the charge distri­
bution in the excited staoe which is concentrated 
at relatively small distance from the center of the 
excited ion (average distance not more than 5-6 
A.).2 It means that the charge is “smeared” 
mainly on the first and second hydration layers. 
This distribution puts a large share of the charge 
on the protons of the adjacent water molecules. 
These protons may contribute to the formation 
of a molecular orbital for the excited electron. A 
similar model was presented for metal-ammonia 
solutions.20 -  22 The binding energy of such an 
orbital should be dependent on the number of the 
participating protons, being smaller the smaller 
this number is. Impoverishment of the solvation 
layer thus will bring about a rise in the energy of 
the excited state, i.e., an increase in hv. The main 
difficulty encountered by his model is the fact that 
the spectrum of I-  in ncn-protonic solvents {e.g., 
CH3CN) does not differ essentially from that in 
water; both spectra have the same intensities.23

Conclusion
Though the results indicate a close relation be­

tween the state of solvation of the fight absorbing 
ion and the energy of the transitions involved, the 
exact relation still is obscure. In our opinion the 
polarization binding energy in the ground state 
is more strongly affected by changing the environ­
ment than the much smader binding energy in the 
excited state. The approximations involved in the 
continuous medium model are too gross for ac­
curately calculating minor effects on the spectra, 
but this model appears to be helpful for semi- 
quantitative purposes as was shown in the case of 
temperature effects24 and even in the calculation 
of intensities.23 In order to test the applicability 
of this model to the present problem we need more 
expeiimental data on the partial molar volumes 
in mixtures of electrolytes. In particular, it is 
important to check if ìd  concentrated electrolyte 
solution the contraction of the cavity is a general 
phenomena and whether this contraction displays 
the specificity observed spectroscopically. It also 
is necessary to examine more thoroughly ionic 
effects on other spectra presumably due to
C.T.T.S., e.g., that of Br-  and OH- , so as to prove 
that the regularities observed in the case of I-  are

(18) R. L. Platzman and J. Franck, “Farkas Memorial Volume/* 
Weizmann Press, Jerusalem, 1952, p. 21; Z. Physik, 138, 411 (1954).

(19) G. Stein and A. Treinin, T~ans. Faraday Soc., 55, 1086 (1959).
(20) J. Kaplan and C. Kittei, J. Chem. Phys., 21, 1429 (1953).
(21) E. Becker, R. H. Lindqmst and B. J. Alder, ibid., 25, 917 

(1956).
(22) G. W. A. Fowlers, W. R. McGregor and M. C. R. Symons, 

J. Chem. Soc., 3329 (1957).
(23) J. Jortner and A. Treinin, to be published.
(24) G. Stein and A. Treinin, Trans. Faraday Soc., 55, 1091 (1959).
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indeed characteristic for this type of electronic criterion for the identification of C.T.T.S. spectra, 
transition. This also may lead to an unequivocal Such work is being carried out in our Department.

THE MECHANISM OF CHEMISORPTION: CARBON MONOXIDE AND
CARBON DIOXIDE ON NICKEL

B y  I. E. D e n  B e s t e n , P. G. F o x , a n d  P. W. Se l w o o d

Chemical Laboratory of Northwestern University, Evanston, III.
Received September 11, 1961

Magnetization-volume isotherms on nickel-silica have been obtained for carbon monoxide and carbon dioxide by the low 
freuuency a.c. permeameter method. The mode of bonding of carbon monoxide is dependent on nickel particle size and on 
surface coverage, in qualitative agreement with the infrared absorption studies by Yates and Garland. The magnetic data 
suggest linear or bridged bonding at low coverages, depending on nickel particle size, and bridged bonding to nickel atoms 
already bonded to at least one carbon monoxide molecule at higher coverages. Most of the high-coverage carbon monoxide 
may be desorbed as such, but the low coverage carbon monoxide may not be desorbed without disproportionation. Carbon 
dioxide is chemisorbed on nickel. There appear to be rather more than two bonds formed for every molecule adsorbed, but 
the maximum volume which may be chemisorbed at room temperature is only about one-eighth the volume of hydrogen 
which may be chemisorbed on the same surface.

Introduction
The purpose of this work was to extend to carbon 

monoxide and carbon dioxide the method of magne­
tization-volume isotherms previously applied to 
hydrogen,1 ethylene,2 oxygen,3 benzene4 and other 
adsorbates. The theory of the method already 
has been described.6

Experimental
All magnetic measurements were made on the low fre­

quency a.c. permeameter previously described.1 The adsor­
bent was either Universal Oil Products (UOP) nickel-kiesel- 
guhr hydrogenation catalyst containing about 52% nickel, or 
a coprecipitated nickel-silica containing about 30 % nickel and 
prepared as described by Van Eyk Van Voorthuisjen and 
Franzen,6 and designated by them CLA 5421. Both of 
these catalysts had been used extensively in this Labora­
tory in previous investigations. The samples were reduced 
in flowing purified hydrogen for 15 to 24 hr. at 350-370°, 
and then were evacuated at the same temperature for 3 to 
4 hr., and cooled in vacuo. Commercial tank carbon mon­
oxide was purified by passage over hot glass beads and then 
through a Dry Ice trap. Tank carbon dioxide was found 
to be sufficiently pure for the purposes of this work and was 
used without further purification.

Gas analyses were made as required on a Consolidated 
Electrodynamics Model 21-611 mass spectrometer.

Results
Carbon Monoxide.—Magnetization-volume iso­

therms for carbon monoxide and for hydrogen at 
— 78° are shown in Fig. 1. The corresponding 
pressure-volume isotherms also are shown. It is 
well known that a nickel surface will sorb a volume of 
carbon monoxide considerably greater than the 
maximum volume of hydrogen which may be taken 
up bjr the same surface. This effect and the corre­
sponding magnetic changes at 25° are shown in Fig.
2.

Figure 3 shows a magnetization-volume isotherm 
for carbon monoxide as compared with that of 
hydrogen at 24° on the coprecipitated catalyst.

(1) P. W. Selwood, J. Am. Chem. Soc., 78, 3893 (1956).
(2) P. W. Selwood, ibid., 83, 2853 (1961).
(3) R. J. Leak and P. W. Selwood, J. Pkys. Chem., 64, 1114 (1960).
(4) J. A. Silvent and P. W. Selwood, J. Am. Chem. Soc., 83, 1033 

(1961).
(5) P. W. Selwood, “Actes du Deuxième Congrès International de 

Catalyse,” Paris, 1960, p. 1795.
(6) J. J. B. Van Eyk Van Voorthuisjen and P. Franzen, Rec. trav. 

chim., 70, 793 (1951).

Figure 4 gives similar data for a UOP catalyst, 
sample which had been sintered at 600° for 2 hr. 
to increase the nickel particle size.

It will be noted that the magnetization-volume 
isotherms in Fig. 2-4 suffer a rather abrupt change 
of slope as the volume adsorbed exceeds that cor­
responding to surface saturation by hydrogen. 
It will be convenient to refer to that part of the 
isotherm prior to the change of slope as the “low- 
coverage” part, and to that beyond the change of 
slope as the “high-coverage” part.

At low coverage the fraction of carbon monoxide 
which may be removed by evacuation at room 
temperature did not exceed 5% of the whole. 
Removal of this fraction was accompanied by a cor­
responding slight increase of magnetization. At 
high coverage the situation was quite different. 
Evacuation at room temperature removes as such a 
substantial fraction of the cai'bon monoxide orig­
inally adsorbed beyond the change of slope. 
Raising the temperature during the evacuation 
ultimately will remove most of this carbon monoxide, 
although some of it comes off as carbon dioxide 
formed, presumably, by disproportionation. An 
example of these changes is shown in Table I.

T a b l e  I
V o l u m e s  D e s o r b a b l e  a f t e r  C h e m is o r p t io n  o f  C a r b o n  

M o n o x id e  o n  N ic k e l  a t  25°
Total volume of CO adsorbed 
“ High-coverage”  volume 
Volume desorbed at 25° 
Volume desorbed at 150°

29.4 cc. per g. Ni 
16.2
5.0 (95-98%  CO) 
9 .5  (92-95%  CO)“

“ More gas may be removed by raising the temperature 
to 360° but this is about 90% carbon dioxide.

If the evacuation is continued up to 350° it is 
possible to remove more carbon in the form of 
carbon dioxide, together with some hydrogen, 
and the magnetization as measured at room temper­
ature rises to 90% of its initial value. But the 
various reactions which occur at elevated tempera­
tures, including disproportionation, carbiding, ther­
mal decomposition of carbide, and reaction with 
residual water in the silica, are related more to the 
bulk metal than to its surface.
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Fig. 1.— Magnetization-volume isotherms for carbon 
monoxide and for hydrogen at —78° on UOP iwckel-kiesel- 
guhr. Pressure-volume isotherms also are shown.

Fig. 2.— Isotherms over a more extended pressure range at 
25°.

Carbon Dioxide.—A magnetization-volume iso­
therm for carbon dioxide on UOP catalyst at 25° 
is shown in Fig. 5. It may be expected that carbon 
dioxide would exhibit a fairly large van der Waal’s 
adsorption on a high area (~175 m.2/g., BET N2) 
catalyst at room temperature. The magnetic 
data show that this is the case. If, after the pres­
sure had reached 237 mm. (corresponding to the 
maximum volume shown in Fig. 5) the sample was 
evacuated, it was found that about 80% of the 
carbon dioxide could be desorbed as such without 
change of magnetization. The final residue was 
then approximately 2 cc. (sc) of chemisorbed carbon 
dioxide per g. of Ni and this caused a 6.0% loss of 
magnetization. This is moderately larger than 
the fractional loss caused by the same volume of 
hydrogen. It will be noted that the maximum 
volume of carbon dioxide which may be chemisorbed 
on nickel under these conditions is only about one- 
eighth of the volume of hydrogen which may bo 
chemisorbed.7

Discussion of Results
There have been numerous suggestions concern­

ing the mechanism of carbon monoxide chemisorp­
tion on nickel. Some of the earlier work is reviewed 
by Gundry and Tompkins.8 The work most nearly

(7) This result is confirmed by heats of adsorption studies made by 
Trapnell. (Personal communication from R. M. W. Trapnell.)

Fig. 4.— Isotherms on a sintered UOP nickel-kieselguhr at 
24°.

Fig. 5.— Magnetization-volume isotherm for carbon dioxide 
at 25° on UOP nickel-kieselguhr.

related to that described here is the recent paper of 
Yates and Garland,9 who observed the infrared 
absorption of carbon monoxide adsorbed on alu­
mina-supported nickel and, in part, on silica-sup­
ported nickel. Yates and Garland identified sev­
eral bands as probably being associated with the 
structures shown below, and being formed on nickel 
crystallites of several sizes, the largest being called 
“crystalline” and estimated by X-ray line width 
broadening as being 38 A. in diameter.

Yates and Garland show that adsorption on 
crystalline sites occurs at very low pressures, ad­
sorption on semi-crystalline and on dispersed sites

(8) P. M. Gundry and E, C. Tompkins, Quart. Revs., 14, 257 (1960).
(9) J. T. Yates and C. W. Garland, J. Pkys. Chem., 65, 617 (1961).
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Band Wave number, cm. -1 Structure
0

Kind of Ni Adsorption type

A 1915 1!
c

/  \  
Ni Ni

cryst. very strong

c 2035 Ni— C = 0
0  0  0

\  II /

cryst. very strong

B 1963 c  c  c
\  / \  /  

Ni Ni

cryst. very strong

D 2057 Ni— C = 0 semi-cryst. mod. strong
E 2082 Ni— C = 0 dispersed weak

occurs at higher pressures and this carbon mon­
oxide is weakly bonded. The tentative structure 
assigned to band B is the most interesting for our 
present purposes. Band B forms on samples con­
taining higher concentrations of nickel, at carbon 
monoxide pressures of several millimeters, and after 
bands A and C have been formed. The conclusions 
then are that the mechanism of chemisorption is 
dependent on particle size, that the mechanism is 
pressure-dependent (and hence dependent on 
surface coverage) and that there is evidence for 
a bridged mode of adsorption forming between 
nickel atoms which already are involved in the 
linear mode (bands C, D or E).

The magnetic data presented in this paper 
show that the mechanism of chemisorption indeed 
is dependent on nickel particle size and on surface 
coverage. On the UOP sample at —78° and on the 
coprecipitated sample at room temperature (with 
nickel particle diameters of ~42 and ~25 A., 
respectively)10 the initial slope of the magnetiza­
tion-volume isotherm is almost exactly half that 
shown by molecular hydrogen. This shows that 
the carbon monoxide molecule is, under these con­
ditions, attached to one, and only one, nickel atom. 
It appears from this that the mode of adsorption 
is linear, corresponding to the Yates and Garland 
band D, or perhaps to C. Over this region the 
adsorption bond must be fairly strong because little 
carbon monoxide may be evacuated at room tem­
perature.

If surface coverage is increased the magnetiza­
tion-volume isotherm changes slope rather ab­
ruptly. The slope becomes much more nearly 
parallel to the volume axis and shows that each 
carbon monoxide molecule is attached on the aver­
age to about one-sixth of a nickel atom. But it 
will be noted that the formation of a bridged 
system (band B) on two nickel atoms already 
involved in a linear mode (bands C, D or E) would 
cause no further loss of magnetization. A trifling 
continued linear adsorption on less accessible 
sites would account for the slope of the isotherm 
in this region being slightly greater than zero.

A further correlation with the Yates and Garland 
view is found in Fig. 4. The sintered̂ UOP sample 
contains nickel particles of about 64 A. diameter,10 
and while these are at the upper limit of appli­
cability for the low frequency a.c. permeameter 
method the results apparently show that each 
carbon monoxide molecule at low coverage is in­
volved with two nickel atoms. This result is

(10) R. E. Dietz and P. W. Selwood, J. Chem. P h y s 35, 270 (1961).

consistent with the Yates and Garland interpre­
tation of bridged molecules (band A) on “crystal­
line” nickel at low coverage and linear molecules 
(band D) at higher coverage.

If in connection with the above considerations we 
recall that the ease with which carbon monoxide 
may be desorbed is markedly greater at the higher 
surface coverages, then it appears that carbon 
monoxide is most readily desorbed from a nickel 
atom which is attached to more than one such 
molecule. On the other hand, desorption from 
nickel atoms attached to only one carbon monoxide 
molecule is not only difficult but likely to be at­
tended by disproportionation. It might be thought 
that the carbon dioxide formed by disproportiona­
tion would be chemisorbed and then would con­
tribute to the change of magnetization. While 
this doubtless is true it may be seen from Fig. 5 
that the volume of carbon dioxide chemisorbed is 
quite small in comparison with the volumes of 
carbon monoxide with which we are concerned.

The conclusions which may be reached from the 
magnetic data alone are: (1) The initial stages 
of carbon monoxide chemisorption may be linear 
or bridged and this depends to a degree on the nickel 
particle size. (2) At higher surface coverages 
there is an abrupt change in the mode of adsorp­
tion. This change is consistent with the view 
that carbon monoxide may be added to nickel 
atoms which already are involved with at least one 
carbon monoxide molecule. (3) Desorption of 
carbon monoxide as such is readily observed at 
high coverages where, presumably, nickel atoms are 
attached to two or more molecules. (4) Desorp­
tion at low coverages, which involves dispropor­
tionation, is presumably from nickel atoms at­
tached to only one carbon monoxide molecule.

It may be thought that nickel tetracarbonyl 
formation at the higher pressures of carbon mon­
oxide would be a significant complicating factor, 
but the rate of formation at room temperature as 
reported by Yates and Garland seems too low to 
interfere seriously with the interpretations pre­
sented.

The conclusions reached with respect to carbon 
monoxide are in gratifying qualitative agreement 
with those of Yates and Garland. It is doubtful 
if quantitative agreement could be expected for 
such a complicated system unless magnetic and 
infrared measurements were made simultaneously 
on the same sample.

The chemisorption of carbon dioxide has, in 
contrast to that of carbon monoxide, received
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comparatively little attention. Kokes and Em­
mett11 have compared the ability of nickel to 
adsorb carbon dioxide at —78° before and after 
evacuation at room temperature. The results 
are interpreted to show that carbon dioxide is 
chemisorbed at —78° to the extent of 80% of a 
nitrogen monolayer. Eischens and Pliskin12 have 
reported a strong infrared band at 6.4 p and a 
weaker one at 7.1 for carbon dioxide adsorbed on 
nickel-silica at room temperature and a pressure of
1.2 mm. These bands are interpreted as being 
characteristic of the carboxylate ion, thus

0  0  

V  
k

The magnetic data show that the volume of carbon 
dioxide chemisorbed on nickel-silica at room tem­
perature is quite small, although comparable 
with the volume of ethane chemisorbed under 
identical conditions.1 2 The loss of magnetization

(11) R. J. Kokes and P. H. Emmett, J. Am. Chem. Soc., 82, 1037 
(1960).

(12) R. P. Eischens and W. A. Pliskin, Advances in Catalysis, 9, 
662 (1957).

is such as to suggest the involvement of at least two 
(and possibly more) nickfil atoms per molecule of 
carbon dioxide. A possible mode of adsorption is 
then

O

\ j — o  
I I

Ni Ni

although this is not in agreement with the available 
infrared results, and it coes not account for the 
very low maximum coverage possible. The pos­
sibility that some of the magnetization loss could 
be due to polarization as observed for krypton is 
quite unlikely. The effect on the magnetization 
of a molecule of carbon d oxide is at least six times 
greater than that of a molecule of krypton. The 
precise mode of adsorpticn and the reason for the 
low coverage remain obscure.
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The flash-excitation of acridine orange in degassed basic (triethylamine) or acidic (acetic acid) solvents at room tempera­
ture leads in each case to two types of transient intermediates. The shorter-lived of these is attributed to triplet states on the 
basis of similarities between the initial flash spectrum and that observed in rigid solvents on cioss-illumination. By analogy 
to previous flash work on fluorescein, the longer-lived products are assumed to be radicals.

The method of flash-excitation is being widely 
used, at present, to study photochemical processes 
in aromatic molecules.2 In solutions of sensitizing 
dyes, metastable triplet states and free radicals 
have been observed, particularly by Lindqvist in 
his careful and thorough studies on fluorescein.3 
In this paper we present absorption spectra of the 
initial excitation products of acridine orange (AO) 
in acidic and basic media, as well as evidence for the 
reversible formation of active intermediates with 
longer lifetimes. While the small absorbance 
changes associated with these latter substances limit 
their detailed study, the initial photo-products are 
well characterized and the general behavior of the 
system is shown to be consistent with that of other 
sensitizing dyes.

Experimental
3,6-Bisdimethyl-aminoacridme (acridine orange, Allied 

Chemical and Dye Corp.) was purified by precipitating the 
free base with dilute sodium hydroxide, dissolving in chloro­
form (A .R .), and chromatographing on alumina.4 The

(1) This work was supported by a grant from the U. S. Atomic 
Energy Commission to Brandeis University (AT-(30-1)-2003).

(2) J. P. Simons, Quart. Revs. (London), 13, 3 (1959).
(3) L. Lindqvist, Arkiv Kemi, 16, 79 (1960).
(4) V. Zanker, Z. pkysik. Chem., 199, 225 (1952).

main sharp band was collected, concentrated, and cooled to 
— 20°. The resulting precipitate was filtered and dried in 
air followed by 2 hr. in vacuo at 70° (m .p. 181-182°).

Triethylamine (TEA) (Eastman-Kodak, white label) 
was fractionated over potassium hydroxide (boiling range 
0.2°).

Other reagents were analytical grade.
Method.— The flash-excitation apparatus, general pro­

cedure and evaluation of data were similar to those de­
scribed previously.5 It was found that the freezing, thaw­
ing, and evaporation operations used in degassing AO solu­
tions resulted in a loss of absorption even when carried out 
in dim light. The reason for this effect (amounting to sev­
eral per cent.) could not be ascertained. Accordingly, 
solutions were prepared by dissolving the dry dye in a side- 
arm of the sealed-off absorption cell assembly, after all 
degassing operations had been completed on the pure sol­
vent. Concentrations were determined spectrophotometri- 
cally. Beer’s law was verified for AO in TEA over the 
concentration range 1 X  10^  to 8 X  10“ s M  (decadic molar 
extinction coefficient t at 420 my =  2.4 X  104) and in acetic 
acid over the range 4 X  10~7 to 2 X  10~6Ai (e at 493 mu =
6.7 X 104).

Except for minor solvent shifts, the ground state spectrum 
of AO in acetic acid and in pyridine containing aqueous HC1 
was of the same type as th a , given for aqueous solutions of 
the dye at low pH (main peak in the visible range near 490 
m/j). Similarly, the spectrum of AO in TEA, in pyridine 
and toluene containing some TEA, and in ethanol contain-

(5) H. Linsohitz and K. Sarkanen, J. Am. Chem. Soc., 80, 4826
(1958).
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Fig. 1.—Oscillogram showing decay of excited AO in 
acetic acid: lower trace, base line including scattered light 
from flash; upper trace, transmission as function of time 
before and after flash; time scale, 0.5 msec, per grid; concn. 
= 6.3 X 10 “6 M ; A = 485 m .̂

m /i..
1000 800 700 600 500 450 400 350

Fig. 2.—Absorption spectra of AO in acetic acid: dashed 
line, ground state spectrum; solid line, spectrum immediately 
after flashing; dot-dash line, AO spectrum on strong 
excitation in ether-alcohol 1:2 at —183°, redrawn to scale 
for 10 M  AO from ref. 7; concn. = 6.3 X 10 “6 M ,

ing sodium methylate agreed with that of the neutral base at 
high pH4 (main peak near 430 m/x).

All measurements reported were carried out at room tem­
perature in cells whose optical path -was 5 cm.

The stability of flash-excited AO in various solvents was 
checked by measurement of the ground state absorption 
immediately after flashing and also after storage in the dark. 
In TEA and acetic acid the absorption dropped by about 
10% after about 100 excitations, with some recovery after 
several days. In ethanol and pyridine, however, flashing 
resulted in considerably larger irreversible changes. When 
cobaltous acetate hydrate (10~3 to 10~4 M ) was added to 
pyridine containing some TEA, the stability on flashing was 
increased considerably. (As has been reported previously,6 
the long-lived state could not be observed and the short­
lived state was quenched effectively under these conditions.)

(6) G. Blauer and H. Linschitz, J. Chem. Phys., 33, 937 (1960).

Results and Discussion
Short-Lived and Long-Lived Products.—Figure 1 

gives a typical experimental result on AO in acetic 
acid, at 485 mu, the spectral region where the most 
marked absorbance changes are found (correspond­
ing to bleaching and recovery of the original dye 
peak). The oscillogram shows an initially rapid 
and then a relatively slow recovery of dye. Similar 
results are obtained in TEA, with the most 
marked absorbance changes around 410 m/j, (in­
creased absorption). In other spectral regions, 
absorbance changes were much smaller and effects 
due to the long-lived intermediates could not be 
separated readily from the short-lived changes. 
Thus, in acetic acid, the long-lived product could 
only be observed unambiguously in the bleaching 
recovery curve near 490 mp and no clear-cut ab­
sorption peak was found for it. In TEA, a broad 
absorption band of the long-lived material could be 
detected near 420 mu, in the region of the original 
dye peak. This is also close to the isosbestic point 
between the spectra of the short-lived species and 
original dye (see Fig. 3, below). Thus, in the re­
gion between 420 and 440 m̂ , initial bleaching was 
observed in TEA, followed by slight increases in 
absorption and final slow recovery.

The Triplet State Spectra: Initial Products.—  
The absorption spectra of typical illuminated 
solutions of AO extrapolated back to the moment of 
initiation of the flash are given in Fig. 2 (acetic 
acid) and Fig. 3 (TEA). The interpretation of 
these spectra evidently depends on whether the 
long-lived product is formed sequentially from, or 
simultaneously with, the short-lived one. In the 
latter case, the relative yields of the two sub­
stances must be considered.

In the acetic acid solution, the initial recovery 
half-lives were constant, within experimental error, 
throughout the spectrum. For later interpretation, 
it is important to note that the region between 
550 and 700 mu, in particular, showed a rapid 
initial decay and this extrapolated absorption there­
fore is due primarily to the short-lived product. 
In this particular example and spectral region, the 
initial half-life was about 200 jusec. and could be 
distinguished readily from that of the long-lived 
product (about 7 msec.). Moreover, the amount 
of long-lived material formed by the flash is rela­
tively small judging from the short- and long-lived 
bleaching at 493 or 485 m̂  (Fig. 1). We conclude, 
therefore, that this initial flash-spectrum is essen­
tially that of the short-lived substance.

Figure 2 also shows the spectrum of the AO cation 
under intense cross-illumination, in rigid ether- 
alcohol solvent at low temperature.7 The absorp­
tion obtained under these conditions is almost cer­
tainly that of the triplet state.8 In Fig. 2, the main 
peak of the unconverted dye in this low-temperature 
spectrum is normalized to the same height as in the 
flash spectrum. Taking into account differences in 
solvent and temperature, the spectra of the two 
transients agree well in such features as the broad

(7) V. Zanker and E. Miethke, Z. physik Chem. (Frankfurt), 12, 13 
(1957).

(8) G. N. Lewis, D. Lipkin and T. T. Magel, J. Am. Chem. Soc., 63, 
3005 (1941).
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absorption between 550 and 700 m/i, the isosbestic 
point at 410 and the minimum at 840 m/*. There 
thus is little doubt that the short-lived substance 
of Fig. 1 and 2 is the acid form of the triplet state. 
It is of particular interest to establish this link be­
tween the flash-excitation and rigid solvent studies, 
in view of the striking discrepancy between flash 
and low-temperature cross-illumination spectra in 
the case of fluorescein.3

No low-temperature cross-illumination spectra 
of the neutral acridine orange base are available. 
By analogy with the situation in acetic acid it is 
suggested that the initial spectrum of Fig. 3 is due 
to the triplet state of the neutral base. While at 
first glance this spectrum appear to be quite dif­
ferent from that of the protonated dye triplet, par­
ticularly with regard to the peak at 410 mu, it is 
possible that the acid triplet also has a strong ab­
sorption in this region, overlapped by the original 
dye peak. The extent of dye conversion is uncer­
tain.

Results in Other Solvents.—In pyridine con­
taining TEA (0.007 M ) or aqueous HC1 (10~3 M ) 
results were obtained similar to those in pure TEA 
or acetic acid, respectively, with regard both to the 
spectral changes and appearance of short- and 
long-lived states. Toluene containing TEA (0.01 
M ) and ethanol containing sodium methylate (0.02 
M ) acted similarly as basic solvents.

Kinetics.—In previous solution studies, we have 
found that three rate constants are required to ac­
count for the decay of triplet states directly to the 
ground state.5 If the decay occurs via further 
intermediates, additional constants are necessary. 
The low absorption of the transients makes our 
present data too incomplete for such analysis, 
beyond the preliminary rate constants already 
given.6 Further work involving longer cells and 
higher flash energies is in progress. In particular, 
it is necessary to establish the spectra of the long- 
lived products.

However, we wish to stress the general outlines 
of the phenomena which now appear. Lindqvist’s 
work on fluorescein in aqueous solution has shown 
that the bimolecular decay processes of triplet

m fi

Fig. 3.— Absorption spectre of AO in TEA: dashed line, 
ground state spectrum; solid line, spectrum immediately 
after flashing; concn. is 4.2 X  10~6 M.

states may lead either directly to the ground state, 
or, via dismutation, to free radicals. Our results, 
within the limits impose! by experimental uncer­
tainties, are consistent with this, although the pos­
sibility still remains that the long-lived intermedi­
ates in the AO case may be formed directly from 
excited singlets. In organic solvents the further 
possibility of oxidation-reduction reactions between 
triplet and solvent must, of course, be considered. 
However, the similarity within the two groups of 
reactions of AO in the various acidic and basic 
solvents suggests that, as in the fluorescein case, 
the radicals which we new identify with the long- 
lived products are formec by dismutation processes 
involving only dye molecules.

The excited molecule does not appear to undergo 
proton transfer reactions within the range of acidity 
or basicity covered by the two groups of solvents 
used here.

OXYGEN QUENCHING OF FLUORESCENCE IN SOLUTION:
AN EXPERIMENTAL STUDY OF THE DIFFUSION PROCESS

By W illiam R. Ware

Research Laboratory of Union Carbide Consumer Products Company, Division of Union Carbide Corporation, Parma SO, Ohio
Received September 16, 1961

Unusually large Stern-Volmer constants for the quenching of fluorescence of aromatic hydrocarbons by oxygen in solution 
are well known. The rate constants for the quenching reaction have been determined by fluorescence lifetime measurements 
for several hydrocarbons in a series of solvents covering a wide range of viscosities. The diffusion coefficient for oxygen in 
several solvents also was determined. The rate constants are consistent with a diffusion-ccntrolled reaction when the un­
usually large diffusion coefficient for oxygen is taken into account.

Introduction years.1.2 The Stern-Vo mer constant is a product
Large Stern-Volmer constants for the fluores- _ _. , . , „ T .

cence quenching of polynuclear aromatic hydro- ecienoe Publishing Co., New York n. y„ 1949, P. 333. 
carbons by oxygen have been known for many (2) e . j. Bowen, Trans, Faraday Soc., bo, 97 (1 9 5 4 ),
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of the second-order rate constant for the quench­
ing reaction and the fluorescence lifetime of the 
excited state in the absence of the quencher. 
Recent lifetime studies3'4 made with anthracene in 
benzene permit one to calculate the actual rate 
constant, and in this case the value is approximately 
three times as large as one would estimate from 
theory.6-8 However, such a calculation involves 
estimating the diffusion coefficient for oxygen in 
benzene, which makes the comparison very un­
certain.

The mechanism for the reaction of oxygen with 
these hydrocarbons is very complex,9.10 but it 
seems reasonable, in view of the large rate constants, 
to consider separately the process involving the 
encounter of an excited molecule with oxygen and 
the subsequent steps which may include the forma­
tion of a moleoxide10 or a charge transfer complex,11 
and which occur probably with .almost every en­
counter. The purpose of this paper is to examine 
the first of these two aspects of the process.

One would expect the reaction to be diffusion 
controlled, but the large rate constants raise many 
questions, since there are several possibilities: 
(a) the Stokes-Einstein relationship is not suitable 
for estimating diffusion coefficients from viscosity 
data; (b) the theory relating the rate constants to 
the diffusion coefficient may be inadequate; (c) 
oxygen interacts at a distance and the quenching 
is thus more efficient than ordinary diffusion- 
controlled reactions; (d) reasonably stable com­
plexes are formed giving the appearance of large 
rate constants.

It appeared desirable to determine the rate con­
stants for quenching by a dynamic method and to 
do this for several hydrocarbons in a series of sol­
vents covering a wide range or properties. The 
variation of the fluorescence lifetime with quencher 
concentration is the most direct and satisfactory 
approach, since if a Stem-Volmer mechanism is 
followed the rate constant is directly obtained 
from a slope

1 /r ' =  1/ t +  *Q[0*1 (1)

Lifetime studies also can be used in conjunction 
with fluorescence intensity measurements, since 
the lifetime of the excited state, which depends 
upon the solvent, is required to interpret the Stern- 
Volmer constants.

In addition it was considered desirable to meas­
ure the diffusion coefficient for oxygen in several 
solvents inasmuch as the polarographic studies 
of Jordan, Ackerman and Berger12 in water- 
glycerol mixtures indicated large departures from 
the Stokes-Einstein relationship for oxygen.

(3) W. S. Metcalf, J. Chem. Soc., 3729 (1960).
(4) W. R. Ware, J. Am. Chem. Soc., 83, 4374 (1961).
(5) F. C. Collins and G. E. Kimball, J. Colloid Sci„ 4, 425 (1949).
(6) J. Q. Umberger and V. K. LaMer, J. Am. Chem. Soc., 67, 1099 

(1945).
(7) B. Williamson and V. K. LaMer, ibid., 70, 717 (1948).
(8) A. Weller, Z. physik. Chem. (Frankfurt) 13, 335 (1957).
(9) R. Livingston and S. Rao, J. Phys. Chem., 63, 794 (1959).
(10) R. Livingston, “ Photochemistry in Liquid and Solid States,"

F. Daniels, Ed., John Wiley and Sons, Inc., New York, N. Y., 1960.
(11) R. S. Mulliken and H. Tsubomura, J. Am. Chem. Soc., 82, 5966 

(1960).
(12) J. Jordan, E. Ackerman and R. L. Berger, ibid., 78, 2979 

(1956).

Experimental
Fluorescence lifetimes were measured with a Rollefson 

type phase shift instrument. Details of its design and opera­
tion have been described elsewhere.4'13 This device makes 
use of the fact that the fluorescence excited by a sinusoidally 
modulated light source also will be modulated but with a 
phase shift <f> such that

tan 4> =  2ir//2(fti +  fcjCj) (2)

where f  is the modulation frequency, the hi s and kj’a are 
first- and second-order rate constants for the disappearance 
of the excited species, the k-,’ s being multiplied by appro­
priate quencher concentrations Cj. Since low light in­
tensities are used, the Cj’s are constant during a deter­
mination. The assumptions involved in this method are 
discussed elsewhere.4'13

A modulation frequency of 5.2 Me. was used and the useful 
range of the instrument started at about 1.8 X  10~9 sec. 
with an uncertainty of about 20%. At 4 X  10 ~9 sec. the 
uncertainty was about 4%  and above this value it slowly 
decreased to 2% . Cells 0.8 X 0.8 cm.2 were used and provi­
sion was made to saturate the solutions with either purified 
helium, dry air, or dry oxygen, and to allow equilibrium 
to be set up at atmospheric pressure. The lifetime for 
each hydrocarbon in each solvent was determined after 
purging with helium and after saturating with oxygen. 
In some cases air also was used to check the linearity be­
tween 1 /r ' and [02] and the extrapolation to 1/ t. The sec­
ond-order rate constants for quenching were determined 
from equation 1. Dilute solutions (10~4 to 10 “ 6 M ) of 
anthracene, 9,10-dichloroanthracene, 9,10-diphenylanthra- 
cene and perylene were used. Oxygen solubilities were 
determined under identical experimental conditions using a 
Perkin-Elmer gas chromatograph and probably were ac­
curate to 10%. Agreements with literature values for oxy­
gen solubility14 were quite good in most cases. Viscosities, 
where needed, were determined by conventional techniques.

Solvents for these experiments either were reagent grade or 
were purified by distillation and all were chromatographed on 
silica gel columns prior to use. Very pure samples of an­
thracene, perylene and 9,10-dichloroanthracene were avail­
able from previous work.4 A pure sample of diphenyl- 
anthracene was obtained by silica gel chromatography.

The measurement of diffusion coefficients, especially in 
solutions of low viscosity, is made very difficult by problems 
of mixing and convection. In addition, diffusion from a 
source of constant concentration provides one of the few 
sets of boundary conditions which leads to a simple relation­
ship for linear diffusion. After considerable experimenta­
tion, the following apparatus was devised to measure the 
diffusion coefficient. A hollow vacuum stopcock 8 cm. high 
was used as the diffusion cell. The straight sidearm was re­
placed by a capillar having an i.d. of approximately 1.5 
mm. which was about 15 cm. long and terminated in a small 
stopcock. The vacuum stopcock plug was modified by 
replacing the handle with gas inlet and outlet tubes. At the 
beginning of an experiment the capillary was filled with an 
oxygen-free solution containing 9,10-diphenylanthracene 
(10-4 M ) as an oxygen indicator. The bulb at the bottom 
of the stopcock contained a small amount of the same solu­
tion saturated with oxygen by a stream of solvent-saturated 
oxygen slowly passing through. The boundary was set up 
by turning the stopcock until the hole (normally used to 
pump out the bulb) was coincident with the capillary and 
the interface thus exposed to the oxygen-solvent atmosphere 
of the hollow chamber. The assumption is made that the 
rate of equilibration at the interface exceeds by a con­
siderable amount the rate of diffusion, and thus essentially 
at once there is set up a small element of the solution at the 
interface in the capillary that is saturated. The time re­
quired for this to take place is small compared to the dif­
fusion process. Then linear diffusion takes place with the 
oxygen concentration C given by

j w i  <3)

(13) E. A. Bailey and G. IC. Rollefson, J. Chem. Phys., 21, 1315
(1953).

(14) Gmelins “ Handbuch der anorganischen Chemie,” 8 Auf. 
Verlag Chemie GMBH, 1958.
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where x  is the distance from the interface, l the time, and D 
the diffusion coefficient. The oxygen concentration is 
followed by making use of the fact that oxygen quenches the 
fluorescence of the added hydrocarbon. Thus

C =  fc9v -J {h/1 -  1) (4)
where k,v is the Stern-Volmer constant and I0/I the ratio of 
unquenched to quenched fluorescence intensity. Provision 
was made to illuminate the capillary with a narrow beam of 
light and to measure the fluorescence intensity at right angles 
with a suitable photomultiplier-filter arrangement. The 
entire stopcock arrangement was mounted with the capil­
lary horizontal on a slider on an optical bench and could be 
moved past the collimated light beam to vary the distance 
from the interface at which time dependent data were taken. 
Compensation was made for variations in light intensity and 
corrections made for reflections from the capillary. The 
method was tested by checking the various aspects of equa­
tion 3. It is required that log (Io/I — 1) rs. 1 /i plots be 
linear, that the same value of D be obtained at several dis­
tances, and finally that the extrapolation point for the 
family of curves at various distances agree with the experi­
mental value for the ordinant at infinite time, as determined 
by letting the oxygen-saturated solution into the capillary. 
The method was satisfactory and in fact with viscous solu­
tions it even was possible to fill the hollow stopcock com­
pletely and obtain fair data, although mixing was a problem. 
No attempt was made to control the temperature other than 
to work in an air-conditioned room that was constant to 
about one degree. The values presented in Table I for a 
series of solvents at 25 to 26° are considered accurate to 
within 15%, which was adequate for the purposes of this 
work.

T able  I

C omparison w it h  D iffusion  T heory
Älq feq kq

Dh Do (eq. 5) (S-E)a (exp.) (exp.) 
X 10s, Anthracene av.&

Solvent cm.2sec.-1 X 10-“  M sec, ~1

n-Octyl alcohol 0 .4 1.6 0.9 0.1 1.7 1.7
Isobutyl alcohol .7 2.4 1.4 .2 1.8 1.8
Isopropyl alcohol .9 3.3 1.9 .3 2.2 2.5
Ethyl alcohol 1.4 3.9 2 .4 .7 2.5 2.5
Benzene 2.2 5 .7 3.5 1.2 3.1 3 .0
re-Heptane 3.1 5.6 4.0 1.9 3.5 3.1
Acetone 3 .7 9 .0 5.7 2.3 3.9 3.9

“ Using Stokes-Einstein equation. 6 Average of anthra­
cene, perylene and 9,10-diphenylanthracene.

Results and Discussion
The results obtained from lifetime measurements 

are given in Table II. In the case of anthracene 
the Stern-Volmer constants also were determined 
using conventional techniques in the solvents 
listed. Rate constants for the quenching reaction 
calculated from the Stern-Volmer constant using 
the measured lifetimes in the absence of quencher 
were on the average about 7% higher than those 
obtained directly (equation 1), which is within 
experimental error but is perhaps significant. 
This will be discussed below.

The diffusion coefficient for oxygen was meas­
ured in seven of the solvents covering the whole 
viscosity range. The results are given in Table I. 
Values listed for the diffusion coefficient of the 
hydrocarbon, Dh, were estimated from the data 
of Bowen and Metcalf.16 It can be seen that the 
diffusion coefficient D0 is from 2.5 to 4 times greater 
than Dh and that it falls rather slowly with viscosity. 
While both the hydrocarbon solutes and oxygen 
fail to follow the Stokes-Einstein equation, D = 
kT/6Tri, where t) is the viscosity, the departures

(15) E. J. Bowen and W. S. Metcalf, Proc. Roy. Soc. (London), 206A, 
437 (1951).

are much greater in the case of oxygen, both with 
regard to the magnitude and to the behavior at 
high viscosity. It is thought that this is due in 
part to the combined effect of the relative molecular 
sizes of oxygen and the solvent plus the fact that 
oxygen has a lower mass ;han the solvent molecules 
and a much lower mass than large molecules which 
obey the Stokes-Einstein equation. It is inter­
esting in this connection that nitrogen, hydrogen 
and oxygen have quite arge diffusion coefficients 
in water16 compared to larger solute molecules. 
Also, the value for carbcn dioxide16 of 3.2 X 10“6 
cm.2 sec.“1 in ethyl alcohol at 17° compares 
favorably with our value of 4.0 X 10 “6 for oxygen 
in the same solvent at 25°. Mention already has 
been made of the large departures from Stokes- 
Einstein behavior for oxygen in glycerol-water 
mixtures. Indeed, it would seem unreasonable 
to expect the Stokes-Einstein equation to hold 
where the solute molecues are much smaller than 
those of the solvent since the macroscopic viscosity 
should become an unsat.sfactory parameter under 
these circumstances.

In Table I there also are listed values for the 
rate constants calculated from diffusion theory 
using

fcq =  4jr N(Dh +  Da) (rh +  ro)/1000 (5)
For comparison, values calculated using the Stokes- 
Einstein equation rather than the measured dif­
fusion coefficients have been included. In both 
cases a radius of 4 Ä. waso assumed for the hydro­
carbon molecules while 2 A. was taken for oxygen. 
A comparison also is given in Table I between the 
experimental values obtained for anthracene and 
an average of the values obtained for anthracene, 
perylene and diphenylanthracene. It is clear from 
these data that the rate constants and Stern- 
Volmer constants appeared large because of the 
gross underestimate of the diffusion coefficients 
which results from the application of the Stokes- 
Einstein relationship. In fact, considering the 
assumptions involved in the derivation of the dif­
fusion equation the agreement between theory 
and experiment is rather good.

A transient term8 /cq ( r h  +  r0)/VrD frequently is 
added to equation 5. This term arises from the 
solution of Pick’s equation when steady-state con­
ditions are assumed at low solute concentrations. 
The lifetimes and diffusion coefficients encountered 
in this work lead to a correction of about 5 to 10% 
from this transient term.

A more interesting point concerns the implica­
tions of this transient term on the phase shift 
measurement. This involves introducing a time- 
dependent term8 into the equation

=  k sin cot -  ( ~  +  £„ [0 2] )  A *  (6)

in place of kn. The solution is very involved, but 
it appears that to a first approximation the phase 
shift technique measures only the time-independent 
part of fcq when the rate constants and diffusion co­
efficients are of the magnitude found in this work. 
If this is correct, the fact that the Stern-Volmer

(16) “ International Critical Tables,”  McGraw-Hill Book Co., New
York, N. Y., 1926.
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T a b l e  I I

R ate  C onstants fob  Oxyg e n  Quenching

V '
X 10 Anthracene

9,10-Dichloro-
anthracene

9,10-Diphenyl-
anthracene Perviene kq ®

poise 1 T“ kqà T &q T kq T Æq av.
3.11 5.7 3.9 7.7 1.6 9.7 3 .8 6.1 4.1 3.9
2.60 5.8 3.5 8.3 2.2 8.9 2.6 5.7 3.1 3.1
1.77 4.2 3.1 10.4 1.7 8.1 2.8 5.5 3.4 3.1
1.72 5.7 3.2 8.3 2.2 9.7 3.1 6.2 3.0 3.1
1.64 4.2 3.1 1.0 2 .4 8.2 2.8 5.2 3.2 3 .0
1.63 4.2 3.0 11.4 2.0 8.3 2.4 5.7 2.6 2.7
0.905 5.8 2.5 8.7 1.7 9.4 2.3 6.0 2.7 2.5

.835 4.8 2.3 10.6 1.4 8.9 1.9 5.9 2.0 2.1

.445 6.0 2.2 8.6 1.6 9.2 2.2 6.1 2.6 2.5

.264 5.5 1.8 9.2 1.5 9.0 1.7 6.0 1.9 1.8

.130 5.6 1.7 10.1 1.1 8.8 1.6 5.8 1.7 1.7
° Average of anthracene, 9,10-diphenylanthracene and perylene.

Solvent 
Acetone 
re-Heptane 
Toluene 
Methyl alcohol 
Benzene 
p-Xylene 
Ethyl alcohol 
Dioxane
Isopropyl alcohol 
Isobutyl alcohol 
«-Octyl alcohol
0 X  109 sec. 6 X  10-10 M ~ l sec."1.

constant yields a slightly higher rate constant than 
is obtained with the phase shift technique is under­
standable, since the former would contain the tran­
sient term.

As can be seen from Table II, 9,10-dichloroan- 
thracene gave lower rate constants than the other 
hydrocarbons. This is probably a manifestation of 
a lower probability for quenching once an encounter 
has taken place, compared to the other three hydro­
carbons. A slightly lower diffusion coefficient for 
dichloroanthracene compared to the other hydro­
carbons would not produce this effect, since the dif­
fusion coefficient for oxygen is the more important 
quantity, especially at low viscosity.

The disagreement between the experimental re­
results and eq. 5 at very low and very high vis­
cosities is perhaps the result of a combination of two 
factors; (a) an incorrect estimate of the radii and 
(b) failure to take into account separation prior to 
reaction in the case of very rapid diffusion found in 
solutions of low viscosity.

Two other possible explanations were given 
in the Introduction for the apparently large rate 
constants for oxygen quenching. With regard to 
interaction at a distance, the essential condition for 
resonance transfer presumably is not present.17 
Stable non-fluorescent complexes would influence 
the Stern-Volmer constant measurements but not 
the lifetime measurements.4 Since these agree to 
within a few per cent., this presumably is not an im­
portant factor in determining the magnitude of the 
rate constant.

Summary.—The rate constants for oxygen 
quenching of fluorescence of aromatic hydrocarbons 
in various solvents have been determined. Both 
the magnitude and the behavior with solvent vis­
cosity are explained in terms of a diffusion-con- 
trolled reaction by making use of measured dif­
fusion coefficients to compare theoretical with 
experimental values.

(17) Th. Forster, Discussions Faraday Soc., 27, 7(1959).

PARTICLE-SIZE DISTRIBUTION DETERMINATION BY TURBIDIMETRY
B y  R. J. G l e d h i l l

Communication No. 2228 from the Kodak Research Laboratories, Eastnian Kodak Company, Rochester, N. Y .
Received September SO, 1961

By the application of the Mie theory of light scattering to measurements of the specific turbidity and the dependence of 
turbidity on wave length, particle-size distributions on a weight basis have been determined for polydispersions of non­
absorbing isotropic spheres in the micron to submicron range. The polydispersions studied fit a logbiormal type of dis­
tribution. A method is described for constructing a graphical calibration grid for a system of known optical constants 
and known distributional form, from which the weight mean diameter and standard deviation of the distribution corre­
sponding^ to observed turbidity measurements can be read directly. The particle-size distribution constants obtained by 
this turbidimetric method agree with those determined from electron-microscopic analysis within an average deviation of

Introduction
The light scattering of most colloidal suspensions 

of spheres in the micron- to submicron-size range 
can be treated adequately only on a basis of the 
general Mie theory. This is especially true where 
the refractive index of the particle differs signifi­
cantly from that of the medium of suspension. 
Such treatments have been applied in the determi­
nation of particle size by light-scattering methods,1’2

but these generally have been limited essentially to 
monodispersed systems. However, more recently 
Meehan and Beattie3 have used the Mie theory to

(1) R. M. Tabibian, W. Heller, and J. N. Epel, J. Colloid Sci., 11, 
195 (1956).

(2) J. B. Bateman, E. J. Weneck, and D. C. Eshler, ibid., 14, 308
(1959) .

(3) E. J. Meehan and W. H. Beattie, J .  Phys. C h e m ., 64, 100
(1960) .
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estimate the dispersity of the particle-size distri­
bution of silver bromide sols.

Our particular interest in particle-size analysis 
in this range was for the purpose of studying the 
Kodacolor dispersion. In this material, the photo­
graphic dye-forming coupler is suspended as small, 
colorless, spherical globules of micron to sub­
micron sizes. The photographic properties of such 
systems depend to some extent upon the size of 
these particles. Since the major part of a system 
may include particles extending in size over a 
3- to 10-fold range, a size distribution on a weight 
basis is the only adequate description. The 
refractive index of the particles, which is in the 
range of 1.50-1.65, differs sufficiently from that of 
the medium of suspension to necessitate a Mie- 
theory treatment.

This paper describes a turbidimetric method for 
determining the particle-size distribution of a 
polydispersion, applying the Mie theory. From 
two light-scattering parameters, the specific tur­
bidity and the rate at which turbidity changes with 
wave length, a two-parameter distribution can be 
determined if the form of the distribution is known 
or can be assumed. This method is similar to 
that used by Meehan and Beattie,3 except that here 
the slope function of the turbidity-wave length de­
pendence is used directly, and the application is to 
log-normal distributions on a weight basis.

Theory
Turbidity.—According to familiar definitions in 

the light-scattering theory of Mie,4 5’6 an expres­
sion for the specific turbidity of a dilute suspension 
of optically isotropic non-absorbing spheres of 
uniform size is

r _  3irn jg; I2 +  |6j [2 , . .
c 100X«3 21+1 v ’

where r is the turbidity of a suspension in which c 
is the percentage volume occupied by the particles, 
n is the refractive index of the medium of suspen­
sion to incident light of wave length X (in vacuo), 
and Oj and b, are complex functions of the size 
parameter a and the relative refractive index m. 
The size parameter is defined as

irnd
“  ~  X

where d is the diameter of the particle. The rela­
tive refractive index is the ratio of the refractive 
index of the particle, np, to that of the medium

Since the attenuation of a light beam of intensity I  
by a non-absorbing light-scattering system is 

d /
I  Ax T

the turbidity, in terms of the optical specular den­
sity D of a suspension of length x cm., is

t  =  2.303 -  (2 )
X

(4) W. Heller and W. J. Pangonis, J. Chem. Phys., 26, 498 (1957).
(5) H. C. Van de Hulst, "Light Scattering by Small Particles,”

John Wiley and Sons, Inc., New York, N. Y., 1957.

Fig. 1.— Specific turbidity for incident light of 5461 A. and 
a medium of water at 25°.

Computed values of the specific turbidity are 
reported in tabular form for various values of the 
parameters m and a by Pangonis, Heller, and Jacob­
sen.4’6 These values are for the conditions that the 
incident light is equivalent to the Hg green fine 
and the dispersing medium is water at 25°. Since 
the dispersions of this investigation were aqueous 
suspensions, it was convenient to use the same 
conditions, so that these computations could be 
applied directly. Hence, in any subsequent evalu­
ations oin this paper it will be assumed that X is 
5461 A. and the medium is water at 25°. The 
range of a and m values covered is adequate for 
the purposes of this work, and the «-value inter­
vals are sufficiently narrow to permit satisfactory 
interpolation. However, the interval between m 
values is so large and t /c as a function of m is so 
strongly curved that, in order to facilitate interpo­
lation between the tabulated values, recourse must 
be taken to a logarithmic form of equation l.2'7
log -  =  log ~ +  Zo (a, m) +  So (a, m) log (m — 1)C A

(3 )

Heller has shown that this function is fairly linear 
with log(m — 1), except in the region where the 
specific turbidity has a maximum value.

Curves for t/ c as a function of particle diameter, 
d, are plotted in Fig. 1 on logarithmic scales for 
two interpolated values of the parameter m (X = 
5461 A., n = 1.3340) which apply to the systems 
studied.

Turbidity-Wave Length Dependence.—It can
be shown that equation 3 is also fairly linear with 
respect to log X over the visual spectrum except in 
the region of maximum r/c values. It is therefore 
a better form than equation 1 from which to derive 
the manner in which t / c changes with wave length. 
The negative value of the partial derivative with 
respect to log X, at a constant value of the 
diameter d, is the logarithmic slope S  (not to be

(6) W. J. Pangonis, W. Heller, and M. Jacobsen, "Tables of Scatter­
ing Functions for Spherical Particles,” Wayne State University Press, 
Detroit, Michigan, 1957.

(7) W. Heller, J. Chem. Phys., 26, 920, 1258 (1957).
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Fig. 2.— The logarithmic slope S for m — 1.210 and d log 
(m -  l ) /d  log X =  -0.217.

confused with S 0 of equation 3). Since, in equation 
3, the turbidity, at a constant concentration c, 
is a function of the variables n/X, a, and to, which 
are ultimately functions of X and d for a given 
system
g _  _  / 5 log t\  _  _  /  0 log r  \  d Jo £ n /X  

\ d  log X /d  \d  log n/\) a,m d log X 
/ d  log r X /d jo g  a\ _
Vo log a)m,n/\ \ d  log X/d

(  0 log r  \  d log (m — 1)
\ d  log {m — l))a,n/\ d log X

From equation 3
0 log T \ =

0 log n/\Ja,m 
and, according to the definition of a 

/d log q \  _  d log n _
\ 0  log X / d ~ d log X

and
/ d log A  _  / d log t\
\ d  log a) m,n/\ \ 0  log d) m,n/\

Hence, by substitution, the logarithmic slope may 
be expressed in the form
c =  [~i _  d lQg nl  f  i . ( à lQg T\ I  _

L  d l o g x J L  VO log dJm,n/\_\
(  0 log  r \  d  lo g  (to -  1) 4 -
Vo log  (m  —  1 ) ) a,n /\ d  lo g  X

Equation 4 includes all the effects of the optical 
dispersions of the medium and the particles.

For values of the parameter m and the optical 
dispersion constants, d log (to — l)/d log X and 
d log n/d log X, equation 4 can be evaluated using 
the proper graphical plots of the tabulated values 
of r/c to obtain the partial derivatives d log r/ 
Ô log (to — 1) and 5 log r/ô log d. In Fig. 2, S  
is plotted as a function of the particle diameter for 
the optical constants indicated. The contribution 
of optical dispersion to the slope is evident at small 
values of the diameter where the slope is substan­
tially greater than the limiting Rayleigh value of 4.

In some instances, a more useful form of the slope 
is the product of the logarithmic slope and the 
specific turbidity. Curves of S t/c as a function 

St _  /à t/c \
c \d In \ ) d

of the particle diameter are given in Fig. 3 for the 
same values of to given in Fig. 1 and the optical 
dispersion constants indicated. These curves are 
quite similar in shape to those for the specific 
turbidity. It is evident that the range over which 
the diameter is a single-valued function of the 
slope is greater for the quantity S t/c than for 
itself. Furthermore, the slope form S t/c is more 
directly involved in the application to polydis­
persions.

Polydispersions.—So far this development has 
been for dispersions of uniform particle size. 
But it can be applied readily to polydispersions in 
a manner somewhat similar to that of Atherton 
and Peters.8 Their treatment, however, is based 
on the Debye light-scattering theory and makes 
use of the difference in weighting of average 
diameters derived approximately from the specific 
turbidity and its dependence on wave length. 
The Mie-theory evaluations of these turbidity 
functions can be applied more directly.

Since the turbidity of a polydispersion is the 
sum of all the contributions over the various 
particle-size classes

the specific turbidity of the total distribution ex­
pressed in integral form is

(0 . -  /„ ' 1 "<“>d«
where F(d) is the normalized particle-size distri­
bution function on a weight or volume basis 
—F(d) d (d) is the mass or volume fraction of 
particles with diameters within the size range 
d to d +  d(d)— and (r/c)0 is the specific turbidity 
of the total system. The corresponding slope 
function (S  r/c)0, obtained by partial differentiation 
with respect to In X, is

(8) E. Atherton and R. II. Peters, Brit. J. Appl. Phys.. 4, 344, 366
(1953).
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f o ' d & l ™ ™ -
“  St F(d) d(d)

The turbidity terms under the integral sign are 
known functions of the particle diameter and meas­
urable optical constants of the system. Hence, 
these two simultaneous equations define a two- 
parameter distribution function, the form of which 
must be established from previous knowledge.

Since it is impractical to attempt a solution by 
direct integration, the integrals may be approxi­
mated by summations. In these equations the ith

I ,  © ,  J I i / W)dW (5)

turbidity terms are now average values over the 
interval Ad for each size-class i, in a total of n 
classes. Values for the turbidity terms as functions 
of diameter can be read directly from curves such 
as those of Fig. 1 and 3, and the integrals evaluated 
from appropriate tables. By adjusting the values 
of the two parameters of the distribution function 
until the summations agree with the corresponding 
observed values of (r/c)0 and (S  r/c)0, the solution 
may be determined. Details of the method of 
solution for the case of a log-normal distribution 
will follow.

Experimental
Turbidimetry.— Turbidity measurements were made on a 

Beckman Model DU spectrophotometer using an attach­
ment between the exit slit and the photometer head. The 
optics of this attachment are similar to those used by Lewis 
and Lothian.9

The monochromatic light beam diverging from the spec­
trophotometer exit slit Si is collimated by a 10-cm. focal 
length achromatic lens and, after passing through the sample 
cell, is focused by a similar lens to form an image of the first 
slit on the exit slit S2, behind -which is located the photom­
eter head. Standard Beckman 1-cm. cells are used in a 
standard cell holder and carriage. Apertures on either side 
of the cell help reduce stray light. Both slits are masked to 
a 5-mm. height. Slit Si is limited in practice to a maxi­
mum width of 0.2 mm., while the exit slit S2 is fixed at a 
slightly larger width of 0.35 mm., to allow for slight displace­
ments of the image caused by misalignment of the cell or by 
non-parallel or wedge-shaped cell windows.

The resolving power of this arrangement to specular trans­
mission may be characterized by the half-angle of scattered 
light included in the specularly transmitted light beam. 
This half-angle is 0.11° in a horizontal plane and 2.9° in a 
vertical plane, equivalent to a solid angle of less than 2 X 
10~4 steradians, which, according to Heller and Tabibian,10 
should be sufficiently small to warrant reliable turbidity- 
measurements. The adequacy of this arrangement is indi­
cated by the absence of significant concentration-dependence 
of the specific turbidity and by the general agreement of the 
turbidimetric results on particle-size distribution with those 
obtained by electron microscopy.

The aqueous suspensions, 0.02-0.002% by volume, were 
adjusted in concentration to give specular densities in a 
range of 0.2-0.8 over the wave-length region 400-800 m/r. 
The values of specific turbidity calculated according to equa­
tion 2 seldom varied with concentration more than 1% ; 
hence, the extrapolation to zero concentration is assumed 
to be reliable to 1% . All measurements were made at 25°.

The specific gravity of the particles, which is necessary
(9) P. C. Lewia and G. F. Lothian, Brit. J. Appl. Pkya., Suppl. No. 3, 

71 (1954).
(10) W. Heller and R. M. Tabibian. J. Colloid Sci., 12, 25 (1957).

Fig. 4.— Logarithmic plot of specific turbidity vs. wave 
length for the dispersions of Table I.

for calculating the per cent, volume concentration of the 
dispersion, was determined on the bulk material by stand­
ard pycnometric procedures.

The slope So was calculated from a logarithmic plot of the 
extrapolated specific turbidities vs. wave length, such as 
shown in Fig. 4. The slope values are reliable to 0.02 slope 
unit or about 0.7%  for values in the range 2-4.

Optical Constants.— The refractive index and optical 
dispersion of the particles were determined for the mate­
rials in bulk using a hollow-prism spectrophotometer with 
mercury and hydrogen arc line sources. For the water 
medium, d log n/d log X =  —0.0157 (X = 5461 A ., 25°).

Electron Microscopy.— As a basis for appraising the tur­
bidimetric method, particle-size distributions also were ob­
tained by electron-microscopic analysis. By usual methods 
of direct count and size measurement on electron micro­
graphs of 10,000X magnification, weight percentage dis­
tributions were determined. Any flattening of the par­
ticles on the supporting substrate was detected with well- 
known metallic shadowing techniques, by sputtering with 
platinum-palladium at an 18° angle. Where flattening was 
significant, true diameters of the equivalent undistorted 
sphere were calculated from a comparison of shadow length 
with the observed diameter.

Results
The electron-microscopic analyses (see Fig. 6), 

indicate that a log-normal form on a weight basis 
fits quite adequately the particle-size distributions 
of all the systems studied. In this application, 
equations 5 and 6 assume the form

(7)

(t ). (8)

where

"OTso<
 ̂

L 1 * 

II

log d -  log
1 1 rvrr -

ds is the geometric weight mean diameter, and <r 
is the geometric standard deviation of the distribu­
tion.
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l ) /d  log X =  —0.217; points are for dispersions 1-3 of 
Table I.

Fig. 6.-—Cumulative weight per cent, distributions for dis­
persions of Table I: points from electron-microscopie analy­
ses ; solid lines from turbidimetry.

With the distribution function defined, the solu­
tion of these equations for the distribution constants 
can be approached directly by the following 
graphical method. For the optical constants of 
the system involved, (r/c)0 is evaluated as a func­
tion of dg for the parameter a and again for (Sr/c)0 
as a parameter. The two sets of curves are plotted 
as a network similar to Fig. 5. With the aid of 
such a calibration grid, approximate values of 
and a- corresponding to observed values of (r/c)0 
and ( S t / c ) o can be read directly.

In Table I the observed turbidity values and 
optical constants of four dispersions are given. 
Approximate values of the distribution constants 
dg and <r were obtained from the appropriate cali­
bration grid. The points on the grid of Fig. 5 are

for the first three dispersions of the table. These 
approximate ’values of the distribution constants 
then were substituted into equations 7 and 8 
and adjusted until the calculated turbidity values 
agreed precisely with the observed values. This 
calculation is demonstrated for dispersion No. 3 by 
the example in Table II. The turbidimetric values 
of dg and a are compared in Table III with those 
obtained from the electron-microscopic analyses, 
in which the number of particles sampled ranged 
over 800-1900. Dispersion No. 2 was a mixture 
(44.8:55.2 parts by volume) of dispersions 1 and
3. The average difference between the results of 
the two methods is 1.3%.

T able I
T urbidimetric D ata  on A queous D ispersions

=  25 ° ; X = 5461 Â .; n =  1.3340; 
-0 .0157

d log n/d log X =

Disp.
no. { r/c) o (S) 0 (Sr/c) 0 np m

d (log(m — 1) 
d log X

1 62.4 3.36 210 1.6135 1.210 -0 .2 1 7
2 105.2 3.06 322 1.6135 1.210 -0 .2 1 7
3 138.2 2.93 405 1.6135 1.210 -0 .2 1 7
4 121.5 2.46 299 1.5556 1.166 -0 .1 8 4

T able  II
C alculation  of ( t/ c)0 and  (S  t/ c)0 from Size-D istribu ­

tion  C onstants

m =  1.210; d log(m — l ) /d  log X =  —0.217; de =

di(mn)fi fi X 10'
216.4 myti; <r

G l
=  1.577
Gil *  6 ) , A (¥ )

70 0.66 6.2 27 0.04 0.2
80 0.78 9.7 42 .08 0.3
90 1.27 14.0 60 .18 0 .8

100 1.79 19.0 79 .34 1.4
no 2.36 24.9 103 .59 2.4
125 4.55 33.2 134 1.51 6.1
140 5.54 44.8 173 2.48 9.6
160 8.41 59.4 218 5.00 18.3
180 8.94 76.8 262 6.87 23.4
200 8.82 93.7 295 8.26 26.0
225 10.28 111.7 335 11.48 34.4
250 9.02 132.2 401 11.92 36.2
280 9.00 157.8 503 14.20 45.3
320 9.06 195.0 620 17.67 56.2
360 6.32 234.8 646 14.84 40.8
400 4.33 267.1 694 11.57 30.0
450 3.47 303.4 796 10.53 27.6
500 2.10 342.0 827 7.18 17.4
560 1.46 377.7 872 5.51 12.7
640 0.97 417.2 894 4.05 8.7
700 0.87 461.0 870 4.01 7.6

2 = 138.3 405.4

The approximate linearity of the electron-micro­
scopic data, plotted in Fig. 6 as cumulative weight 
per cent, on logarithmic-probability coordinates, 
justified the assignment of a log-normal distribu­
tion for the dispersions studied. The straight-line 
cumulative curves, as determined from the tur­
bidimetric observations, are very close to the best 
linear representation of the microscopic data.

Discussion
It is apparent from Fig. 5 that the curves for the 

parameter (Sr/c) 0 over the range of values 300- 
400 have a minimum. This is a consequence of
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T able  III
Size -D istribution  C onstants D eterm ined  b y  E lectron 

M icroscopy and  T urbidim etry

Disp.
no. EM

dgliHfj)

Turb.
% ' 

diff. EM

------ <7-------

Turb.
/o

diff.
1 138.6 137.2 - 1 .0 1.479 1.516 2.5
2 177.9 178.1 0.1 1.623 1.621 - 0 .1
3 217.3 216.4 - 0 .4 1.559 1.577 - 1 .2
4 248.7 257.5 3.5 1.982 2.014 1.6

T able  IV
E stimated A ccuracy of T urbidimetric M ethod

Av. error
Property
measured

Reliability 
of measurement

in ealed. constants
dg a

è ) . 1 .0 % 1 .0 % 0 .6 %

(S)o 0 .7 1 .4 2 .6
n p 0 .5 0 .4 0 .3

the first ripple in the curve for the slope S, Fig. 2. 
In this region (r/c)0 and ( S t / c ) 0 do not always 
uniquely define the system; two solutions may be 
theoretically possible. However, in practice, there 
was no ambiguity as to which solution applied. 
A cursory visual microscopic examination was suf­
ficient to differentiate between two possible a 
values. Actually, none of the dispersions examined 
had a a value below 1.3. With this limitation the 
calibration grid is single-valued. The method

could be made more rigorous by including a measure 
of the rate of change of the slope S  with wave 
length, and so define the system more completely. 
This, however, was found to be unnecessary in the 
particle-size range of the dispersions studied.

The accuracy with which the distribution con­
stants can be determined depends upon the region 
of the calibration grid in which the dispersion falls. 
In Table IV are listed the average errors which can 
be expected for the probable reliability of the meas­
urements.

The diameters dT and ds corresponding to the 
observed values of (r/c)0 and (S)0, as read directly 
from curves such as in Figs. 1—3, may differ ap­
preciably from the true dg. Depending upon the 
magnitude of the dispersity and the region of the 
size spectrum, this discrepancy may be as large 
as 20-30%. By inspection of a calibration grid 
such as Fig. 5, it is obvious that the relative 
magnitudes of dg, dT and ds vary, even with re­
spect to order. Hence, a simple consideration of 
d7 and ds alone, without regard for the region of 
the size spectrum involved, can give only an ap­
proximate indication of the average diameter and 
essentially no information about dispersity.
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O XYG EN  D IFFUSION  AND R EAC TIO N  D URIN G  7 -IR R A D IA T IO N  OF
POLYETHYLENE
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A model for the diffusion controlled reaction of oxygen with polyethylene in an irradiation environment is presented. 
Experimental and calculated results on carbonyl formation in thin films (0.0020 t.o 0.0400 cm.) agree to ± 5 %  for an ex­
posure range of 5 to 100 X 106 r. The effect of dose rate, from 1 to 5 X  106 r./hr., on the rate of carbonyl formation is 
studied and evaluated in terms of the proposed model.

Introduction
Polyethylene, being one of the simplest of poly­

mers, has been the subject of a large number of 
investigations. Rugg and co-workers,1’2 have con­
ducted infrared studies of the structure and of oxi­
dation of polyethylene. Several workers have re­
ported on the radiation chemistry of polyethyl­
ene.3-6 Matsuo and Dole7 have published results 
on oxidation effects in irradiated polyethylene.

In the present paper a theory is developed based 
on diffusion kinetics which relates the total oxi­
dation under irradiation to the total dose, the dose 
rate, and the sample thickness. The theory is 
compared with experimental observations.

(1) F. M. Rugg, et al., J. Polymer Sci., 11, 1 (1953).
(2) F. M. Rugg, et al., ibid., 13, 535 (1954).
(3) M. Dole, et al., J. Am. Chem. Soc., 76, 430 (1954).
(4) A. A. Miller, et al., J. Phys. Chem., 60, 599 (1956).
(5) A. Charlesby, Proc. Roy. Soc. (London), A215, 187 (1952).
(6) K. H. Sun, Modem Plastics, 32, 141 (1954).
(7) H. Matsuo and M. Dole, J. Phys. Chem., 63, 837 (1959).

Experimental
The polyethylene used as thin films in this study was 

Alathon 3, NC-10.8 9 This material is characterized as a high 
pressure, low' density (0.92 g ./cm .3) polyethylene with 
approximate crystallinity of 60%.

To determine the oxidation distribution in thicker pieces, 
Agilene (0.90 g ./cm .3), a polyethylene from American 
Agile Corporation, in half-inch thick blocks was used. 
The physical characteristics of the Agilene were similar to 
those of the Alathon.

The cobalt-60 irradiation facility used in this work has 
been described elsewhere.5 Dose rates of 1.34 X 106,
1.49 X 10®, and 4.84 X  106 roentgens/hr. (r./hr.) were 
available during the course of this w'ork.

The total oxidation occurring in the samples was followed 
by measuring the increase in carbonyl absorption band 
( ~  1720 cm .“ 1) w'ith a Perkin-Elmer Model 112 infrared 
spectrometer. The thin films were measured by placing 
them directly in the light path. The solid blocks were

(8) Material supplied by W. W. Spohn of the Polychemicals De­
partment of E. I. du Pont de Nemours and Company, Inc., in sample 
thicknesses of approximately 2, 7, 15, 2.5, and 40 X 10 “3 cm.

(9) R. Harrington and R. C. Giberson, Modern Plastics, 36, 199. 
317 (1958).
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sliced by a microtome, the individual slices being analyzed 
for carbonyl.

Results
The experimental results are given in Tables I-

III. Table I gives the carbonyl optical density, 
A , in terms of total exposure and sample thickness 
for a dose rate of 1.49 X 106 r./hr. Table II 
presents the optical densities for various sample 
thicknesses at a total dose of 1 X 10s r. for the 
three different dose rates used. Table III presents 
results on sliced samples of oxidized Agilene. 
A variety of total exposures and dose rates is 
given.

T able  I
O p t i c a l  D e n s i t i e s  o p  C a r b o n y l  in  A l a t h o n  3 ,  N C - 1 0  a t  

V a r i o u s  T o t a l  E x p o s u r e s  

Dose rate, 1 . 4 9  X 1 0 6 r . / h r .

Total dose, r.
Thickness,

cm.
A — optical density 

at '->-'1720 cm.-1
5 .7  X 10s 0.0020

.0064 0.04

.0163 .06

.0234 .07

.0376 .07
11 X 109 .0020

.0071 .09

.0173 .14

.0269 .13

.0406 .17
57 X 10» .0018 .20

.0069 .38

.0142 .72

.0259 .74

.0399 .82
113 X 10* .0025 .40

.0064 .83

.0147 1.25

.0198 1.35

.0394 1.50

T able II
Optical D ensities of Carbonyl in  A lathon  3, NC-10 at

V arious D ose R ates 
Total dose, 1 X  108 r.

Dose rate, r./hr. L, cm.
Optical density at 

~1720 cm. -i 
Expt. Calcd.

%
Deviation

1.34 X 106 0.0020 0.297 0.298 - 0 . 3
.0074 0.834 0.830 0.5
.0152 1.175 1.198 - 2 . 0
.0201 1.344 1.304 3.0
.0406 1.415 1.434 - 1 . 3

1.49 X  lO6" .0025 0.358 0.355 0.8
.0064 0.735 0.729 0.8
.0147 1.106 1.112 - 0 . 5
.0198 1.195 1.212 - 1  .4
.0394 1.327 1.313 1.1

4.84 X  106 .0023 0.299 0.299 0 0
.0069 .677 .644 4.9
.0152 .846 .871 - 3 . 0
.0269 .915 .937 - 2 . 4
.0403 .950 .947 0.3

« 1.13 X  10s r. data corrected to a total dose of 1 X  10s.

The general effect of sample thickness and total
radiation exposure can be seen in Fig. 1, which

T able III
Optical D ensities op C arbonyl in  Sliced  Samples of 

I rradiated  A gilene

Total dose, r. Dose rate, r./hr.
Slice
no.

Thickness,
cm.

Optical 
density at 
U720 cm.-i

1 X 108 7.2 X  10» 1 0.0102 0.500
2 .0018 .028
3 .0051 .050
4 .0030 .025
5 .0046 .031

1 X  10s 1.49 X 106 1 .0055 .369
2 .0023 .168
3 .0028 .077
4 .0023 .029
1 .0147 .719
2 .0074 .086
3 .0080 .039
4 .0078 .044
1 .0131 .623
2 .0027 .119
3 .0036 .032

1.32 x 10’ 1.49 X 10® 1 .0036 .496
2 .0017 .146
3 .0021 .076
1 .0036 .483
2 .0017 .221
3 .0021 .074

plots the data of Table I in the form A / r  vs.
sample thickness, L . The general shape of the 
A / r  vs. L  curve illustrates the effect of sample 
thickness on the carbonyl absorption. The ob­
servation that a single curve is obtained in Fig. 1, 
i.e., no consistent variation with total dose, means 
that carbonyl formation increases linearly with 
total exposure in the range of thickness investi­
gated. This linear increase is important in the 
theory to be presented.

The effect of dose rate on the reaction is shown 
in Fig. 2, which plots A  vs. L  from Table II. It 
will be noted that in thin samples the total oxida­
tion occurring is independent of the dose rate 
whereas in thicker films more oxidation occurs at 
the lower dose rates.

Figure 3 illustrates the effect of oxygen acces­
sibility to the total oxidation occurring. Again 
the plot is A  vs. L, the top curve being determined 
from thin samples, the lower curve being obtained 
by slicing samples from a block of irradiated 
polyethylene. Total exposure and dose rate were 
the same for all samples. In the thin samples, for 
equivalent total thickness, it is observed that more 
oxidation occurs than in the sample sliced from a 
block.

Theoretical
A radiation damage model will be developed 

from which an equation relating carbonyl increase 
to total dose and sample thickness will be derived. 
The model will be based on certain observable 
conditions pertaining to this process, one of the 
most important being the linear increase in carbonyl 
concentration with total exposure. The model 
is intended to describe the process wherein a 
relatively small fraction of the material is converted
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to carbonyl. The ratio of CO groups to CII2 
groups at the highest total exposure ranged from 
1:30 to 1:130. Extensions of the theory give the 
effect of dose rate on the reaction.

Radiation Damage Model.—The following re­
lationship has been found for the oxidation of 
polyethylene in a radiation field (see Fig. 1)

A - g t  (1)
where

A — optical density of carbonyl (measured from the in­
frared absorption peak at ~1720 cm.-1) 

g — proportionality constant depending on sample 
thickness, L, and the dose rate 

t — time of irradiation

Equation 1 can be written in terms of B , the 
carbonyl groups per square centimeter if Beer’s 
law is obeyed. A test of Beer’s law was made 
in the present work and it was found to hold satis­
factorily. Thus

B  = AN*
K M = k"t (2)

where
N* =  Avogadro’s number 
M  =  molecular weight of carbonyl 
K  — specific adsorption coefficient in cm.2/g. 
h "  =  a constant for a given L

We also may write
dB
di

L dc , 
0 di (3)

where c is the concentration of carbonyl groups and 
is a function of x, the distance into the sample. 
In order to solve (3), dc/di as a function of x must 
be determined.

The reaction is a radiation-activated process. 
Since either the oxygen or polymer, RR, can be 
activated,10 the possible reactions become:

0 2 +  RR* =  carbonyl (4a)
0 2* +  R R  =  carbonyl (4b)
0 2* +  RR* =  carbonyl (4c)

where the asterisk denotes an activated species. 
In the present case, none of the three can be com­
pletely ruled out; however, it is easily demon­
strated that the following treatment in which the 
process is assumed to occur by (4a) applies equally 
well to the other reactions and will produce the 
same result.

Consider the set of reactions
7-rays +  RR  — >  RR* (activated polymer) (5a) 

RR* +  0 2 — >■ R (0 2)R* (diffusion of 0 2 to RR*) (5b)
R (0 )2R * ---- >  RR  — (C =0)(carbon yl formation by

dissociation of activation complex) (5c)
The following assumptions concerning the re­

action mechanism are made: (1) Active sites in the 
polymer are created by the ionizing radiation. 
The sites are homogeneously distributed and the 
number available at any given time during the 
irradiation is essentially constant. (2) The forma­
tion of carbonyl depends on the diffusion-limited 
reaction of oxygen with an active site in the poly­
mer.11 We thus assume then that (5b) is the slow

(10) RR is the polyethylene polymer. RR* represents those active 
sites, probably free radicals, which are created in the polymer, where 
the oxygen ean react.

Fig. 2.— Optical density of carbonyl vs. sample thickness 
effect of dose rate (total dose, 1 X 10s r.): experimental, 
points; calculated, curves.
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Fig. 3.— Oxidation distribution in agilene (dose rate, 1.49 X 

106 r./hr., total dose, 1 X  10s r.).

step in the reaction sequence, and the equation 
for the rate-determining step is

~  =  k'{ 0 2)(RR *)

It has been assumed that RR* was constant for
(11) This is in agreement with statements by Lawton, et al.,1* and 

Ballentine, et al. , 19 that oxidation of polymers in a radiation field 
would be diffusion-controlled.

(12) E. J. Lawton, et al., J. Polymer Sei., 32, 257 (1958).
(13) D. S. Ballentine, et al., ibid., 13, 410 (1954).
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a constant radiation flux. Under conditions that 
a steady state concentration of oxygen is attained in 
the polymer, O2 is also constant, and

which is identical to the experimental facts il­
lustrated in (1) and (2).

Derivation of Reaction Rate Equation.—Gas
diffusion in organic solids is found14 to obey fairly 
rigorously the normal diffusion equation15

It follows that d<j>/dt = 0. Therefore, (7b) can 
be simplified

d V Q-0 _ n 
dx2 D' (ID

The general solution of (11) is
0  = 0  cosh fix b sinh fix

where a, b are constants and
0 = o r  -  ( r

(12)

(13)

where
d N  dW
di dx2 (6)

N  = concn. of diffusing gas (oxygen) 
D =  diffusion coefficient, cm.2/sec.
If equation 6 is modified to allow for the removal 

of oxygen in the formation of carbonyl we have
dN _  d2AT 
dt ~ U d)V aN (7a)

where a can be defined as the probability per unit 
time of reaction of oxygen with a site to give 
carbonyl.

By dividing (7a) by the velocity, v, of the oxygen 
molecules, the equivalent expression in terms of 
flux is obtained

1 d0 
v di

_  T)/ d20 
-  D dx* ~  a<t>

(7b)

where <j> = Nv, <x =  a/v, andD' = D/v.
It is obvious that the change in the concentration 

of carbonyl groups with time is
de
dt

From (2) and (3)
d2_B = 
di2

=  aN  =  <7 <f> (8)

CL d 2 °  1 A 

J o  di2 dX =  0 (9)
There are two ways in which this equation can be 
satisfied. First

Consider the following (sketch A) depicting 
oxygen flux through the sample

-Total oxygen current in sample 
'Oxygen current from the right

Oxygen current from the left

Oxygen Current in Polyethylene Sample
From the sample symmetry b = 0 in equation 12, 

the current to the right and left is given by
j+  (left to right) = Fe~P(x + L /2 )  (14a)
j -  (right to left) =  Fe~P(L/2 -x )  (14b)

and the total current
j t  =  j+ +  y_ =  0 /2  =  F [e-P(x+L/2) +  e-/J(L /2-i)]

(14c)
2F(1 +  e~PL) cosh fixor 0(total) = cosh @L/2 (15)

The factor, F. is the current entering the surface 
of the sample and would be a function of the sample
■f n ip  I r  n p q q

Therefore, from (8) and (3)16
dii
dt f

L/2 2<tF(1 +  e-f>L)
’ - L / 2  cosh jSL/2 

Integrating (16) gives
cosh fix dx (16)

B  =  t 2 ? 2 F ( l  +  e-P£) tanh 0L/2 (17)

Physically this would mean that the concentration 
in any plane at a distance x into the sample, would 
increase linearly with time such as the total oxi­
dation has been observed to do. The alternative 
is that

d2c
di2 0

Since the integral of d2c/di2 over all x is zero, this 
would require that an increasing rate at one point 
be offset by a decreasing rate at another point in 
the sample. The first case seems physically more 
reasonable and will be assumed to represent the 
process.

Therefore, from (8)
d2c
dt2 (10)

Equation 17 may be simplified
A — K ’( 1 — e~&L)

where
K ' KM  

“ N* {oD 'y/H 2l?

(18)

(19)

and d is given in (13).
Alternate Solutions of Diffusion Equation.—

Two other possibilities for solving (12) are illus­
trated in sketch B and sketch C. In each case

(14) R. M. Barrer, "Diffusion in and Through Solids," The Univer­
sity Press, Cambridge, England, 1951.

(15) All of our samples are sufficiently wide to preclude any effect
of oxidation from the edges; hence; we consider only the effect of 
oxidation through the sample thickness— using only a one-dimensional 
diffusion equation.

b =  0. The first case (B) assumes the flux dropping 
off from the surface. In case C a semi-imperme- 
able layer is formed on the surface through which 
the diffusion coefficient Dn operates. The ex-

(16) Note change on integration limits.
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pressions equivalent to equation 18 
these models are

derived for

Case B
A  =  k' tanh 0L/2 (20)

where ¥  =  2 (<rD')'F t<f>o (21)

Case C
(1 _  e -pL) 

1 +  ne-l3A (22)

where A »  = (23a)

1 -  W
n 1 +  W (23b)

k' =  defined the same as (21)

W - j k «
(24)

and l is the thickness of the semi-impermeable 
layer.

A subsequent section will point out the inade­
quacies of these solutions, as compared to case A, 
with the experimental results.

Effect of Dose Rate on <r.—A requirement (see 
equation 1, and definition of l) of the derivation 
was that the dose rate remain constant during the 
irradiation time. Significantly, nothing had to be 
said about the magnitude of the dose rate; thus, if 
the irradiations were carried out at different dose 
rates, equation 18 should be applicable if the zero 
order buildup, equation 1, were observed.

It might be assumed from the definitions and 
discussion of the model given that

<r — p5 (25)

where p is a constant and 5 is the dose rate. The 
following experimental observation will be used in 
support of (25): At the same total dose carbonyl 
formation in thin films (~2 X 10~3 cm.) appeared 
to be the same regardless of dose rate (see Fig. 2).

By definition
hti =  hk =  total dose

By taking the ratio of equation 18 at different 
dose rates, and including the definitions cited 
above

A(S>)
(K M \  
V N* )

(eD 'y / i k2F ( l  -  e-f>'L)

(K M \  
\ N * ) (<rD'y/> li2F ( l  -  c-ft£)

Equation 26 now may be simplified17
d(5 i) _  (cri)')l1/2fi(l -  
A(52)

(26)

(27)(aD ’ y/ 2 k (l  -  e-frL)
For small values of ftL, e ^ L may be replaced by 
(1 — ftL). Then (27) becomes

p t (S i) l  
\_A (ôo)J^

_  ajti _  ^  y le same total dose) — 
J/3L—K) <7202 0-201

But as cited above for thin films A  (<$i) =  A  (<52)
0-162 =  0-261 ( 2 8 )

Thus
a  =  p 6 ( 2 5 )

(17) This assumes that the type of carbonyl being formed (e.g.,
acid, aldehyde, etc.) does not depend on dose rate; hence, that K  is
independent of 8.

Effect of Dose Rate on ft.—Equation 13 gave the 
definition of ft. Combining this with (25)

* = @ ) 1A (29)
If D ' were a constant (independent of dose rate) 
then /3~(5)1//2- This is not found for any of the 
evaluations of ft (see Table IV). It is to be expected 
that D ' should not be a constant but rather a com­
plex function of the amount of oxidation and other 
changes occurring in the sample; however, it is 
reasonable to assume that it would change much 
less rapidly than the dose rate. Therefore, it can 
be concluded that ft should increase with an increase 
in dose rate, ft also can be shown to increase 
with an increase in dose rate by considering to­
gether: the form of the equation which gives the 
distribution of carbonyl in a thick sample, and the 
experimental observation of carbonyl formation 
further into thick samples at lower dose rates.

Discussion
Evaluation of Constants.—A necessary require­

ment for (12) to be a general solution of (11) is 
that the factor ft be a constant at a given dose rate. 
ft has been evaluated with the aid of a computer 
from the experimental data of Table II for each 
of the cases equations 18, 20, and 22. Typical 
results are shown in Table IV.

T able  IV
E valuation  of 0 from D ata  of T able  II

Dose rate, 
r. X lOVhr.

1.32
1.49
4.84

✓----------------- Values of ¡3,a cm.
Eq. 18 Eq. 20

119 ±  11 209 ±  50
126 ±  6 222 ±  45
165 ±  25 278 ±  94

Eq. 22
134 ±  96 
119 ±  59 
139 ±  86

“ At 99% confidence limits.

Equation 18 is seen to give values of ft with the 
least scatter, and also to satisfy the criteria that 
ft increases with an increase in dose rate which
(22) does not seem to do. It also should be pointed 
out that equation 20 did not give random scatter 
to ft, but the value depended on the particular 
thickness ratios at which it was determined, varying 
from 300 to 147 cmv1 in the case of the 1.49 X 
106 r./hr. dose rate— the highest number at the 
lower thickness. Matsuo and Dole7 observed that 
a solution equivalent to (20) could be made to fit 
their experimental data; but observed that “It 
(the calculated curve) rises too steeply at low 
values of thickness, and then levels off too abruptly 
at high values of thickness.” The same observa­
tion is made here.

After ft is evaluated, it is an easy matter to 
determine K ' from (18) and subsequently to 
evaluate a and D ' from the simultaneous solution 
of (13) and (19). Actually a, the reaction prob­
ability factor and D, the normal diffusion coef­
ficient, have been calculated and listed in Table 
V instead of a and D '. The relationship between 
(7a) and (7b) shows how this is possible.

One parameter of equation 19 that must be 
evaluated is F. F  may be defined as

F — current in =  ------------
cm. sec.
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where n is the number of oxygen molecules entering 
unit area of surface in one second. From (19) and 
the definitions given under (7b)

K '  = 2K M  
N*

{ a D f h  t 2F 
v

(30)

For very thick samples it is noted that 
<f> =  N qv =  2 F

2p
Hence —  =  Ars =  constant (31)v
N s is the solubility of oxygen in the polyethylene.18

T able  V
E valuation  of C onstants at  D ifferent  D ose R ates

1.34 X 10» 1.49 X 10» 4.84 X 10»
Constant r./hr. r./hr. r./hr.
cm .-1 119 126

K " ‘
a, sec.“ 1 
D, cm.2/sec. 
p'. r.“ 1

“ Evaluated

1.45
2 .4  X 10“ 3 
1.75 X  10“ 7
6.4 X  10-6 

at 1 X  10s r.

1.32
2 .7  X  10“ 3 
1.71 X  10“ 7 
6 .5  X  10“ s

165
0.95
8.2 X 10“ »
3.00 X 10“ 7
6.1 X  10“*

It should be pointed out here that the evalua­
tion of a and D assumes a knowledge of K , the 
specific absorption coefficient. K  varies with the 
type of carbonyl formed.2-21 The resolution of 
our spectrometer was not sufficient to determine 
accurately the contribution of the various groups. 
The principal peak appeared to be acidic carbonyl, 
but aldehyde and ketone groups also contributed.

The specific absorption coefficients for acid, 
aldehyde, and ketone are 9.47, 2.27, and 6.93 X 
103 cm.2/g., respectively.21 In evaluating a and 
D, the average value of 6.22 X 10s cm.2/g., was 
arbitrarily chosen since it was not possible to 
determine an accurate figure. If all acidic carbonyl 
had been assumed, the values of a and D  would be 
about two-thirds of that given in Table V.

The Diffusion Coefficient.—Barrer14 has listed 
diffusion coefficients for various gases in organic 
polymers. Near 300°K., typical values were in 
the range of 2-7 X 10~7 cm.2/sec. Michaels and 
Parker20 have given values of oxygen diffusivity 
in polyethylene in the range 3-6 X 10-7 cm.2/scc. 
The values of D in the present work are generally 
lower than these but of the same order of magni­
tude.

(18) Estimated value of iVg from data available in ref. 19 and 20.
(19) H. J. Bixler, et al., J. Polymer Sci., in press.
(20) A. S. Michaels and R. B. Parker, ibid., 41, 53 (1959).
(21) J. A. Anderson and W. D. Seyfried, Anal. Chem., 20, 998 

(1948).

The work of Sobolev, et al.,M on permeability 
of gases in irradiated polymers showed a decrease 
in I) as a consequence of irradiation.

Reaction Probability Factor.—The factor, a, 
was introduced into the normal diffusion equation 
to allow for the removal of diffusing oxygen by re­
action to form carbonyl.

Irradiations in vacuo and under inert atmosphere 
have shown no detectable carbonyl increase, thus 
illustrating that the oxidations occurring in the 
present work could not result from oxygen originally 
dissolved in the sample.

The value of a obtained can be shown to be 
consistent with the assumption that a steady- 
state concentration of oxygen had been established 
in the polyethylene.

Comparison with Experiment. Total Oxidation 
in Thin Films.—Table II shows that at 1 X 108 r. 
there was less than ±5% variation in the experi­
mental and calculated values of carbonyl optical 
densities at the three different dose rates.

Total Oxidation in Thick Blocks.—Figure 3 
illustrates the effect of oxygen diffusing through a 
block of polyethylene on the total amount of 
carbonyl formation. The fact that considerably 
less carbonyl formation occurred in the sliced 
samples compared to the thin samples is consistent 
with the model proposed. Theoretically, for 
identical materials, the saturation value should 
be twice as large in the thin samples compared 
to the sliced samples. The difference noted here 
can be attributed to difference in materials (Agilene 
had a density of '~0.90 g./cc. compared to Alathon’s 
0.921). However, assuming that /3 is the same in 
each material and estimating a saturation of 1/tK ' 
=  0.86 (A  units) the calculated curve for the sliced 
samples shown in Fig. 3 was made. The fit is 
quite good.

Effect of Dose Rate.—Table V gives the values 
of p'.23 The deviation of the values of p' from 
their average is ±4%. Since the dose rates are 
only known to ±5%, the agreement is satisfactory.

Acknowledgment.—The author wishes to ac­
knowledge the assistance of Dr. H. H. Yoshikawa 
of the Hanford Laboratories Operation for many 
helpful discussions and suggestions, especially 
pertaining to the theoretical section of this work. 
The review given the paper by Dr. R. E. Nightingale 
and Dr. D. R. de Halas also is greatly appreciated.

(22) I. Sobolev, et al., J. Polymer Sci., 17, 417 (1955).
(23) p' from a =  p'& similar to equation 25.
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Specific surface areas of supported metal sulfides have been measured by means of the exchange between normal sulfur 
atoms of the metal sulfides and radioactive sulfur atoms of S35-tagged H2S. Each determination was carried out in liquid 
scintillation solution containing a weighed amount of insoluble metal sulfide and a known amount of dissolved H2S (S36). 
The disappearance of S35 from solution due to exchange with solid was followed by liquid sc ntillation counting until equi­
librium was established.
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A constantly reoccurring problem in the field of 
catalysis is the determination of the fraction of the 
surface area that is contributed by the various 
components of a heterogeneous catalyst, particu­
larly in the case of an active agent supported upon 
an inert base. The desired information is most com­
monly sought by gas adsorption techniques. In 
the case of transition metal sulfides supported upon 
alumina or silica, gas adsorption techniques have 
yielded no satisfactory method. For this reason 
an isotopic exchange method was devised in the 
present work. The method set forth below is, in 
essence, the establishment of a set of conditions 
under which a liquid (toluene) containing an ele­
ment common to only the catalyst component of 
interest (sulfur as dissolved hydrogen sulfide) 
reaches exchange equilibrium, for that element, 
with the surface. Starting with an abnormal iso­
tope distribution in the liquid (rich in S3S) and a 
natural distribution on the solid the equilibrium 
exchange is a measure of the solid sulfide area avail­
able to the solution. Areas obtained by this method 
appear to be reproducible to ± 15% . While this 
is far below the precision possible for total surface 
area measurements, it still provides useful informa­
tion concerning the degree of dispersion of the sup­
ported metal sulfides.

Experimental
A liquid scintillation system was used for this work, mak­

ing it possible to place the solid metal sulfide and the tagged 
H2S directly in the radioactivity-sensitive medium. Thus 
the complete study of exchange of sulfur atoms between 
components could be carried out in a single cell without any 
further manipulations. The exchange system contained 
50-70 mg. of metal sulfide catalyst in 25 ml. of liquid scintil­
lator solution and 10-20 micromoles of tagged H2S. The 
liquid scintillator solution contained diphenyloxazole (4 
g ./l.)  and diphenylhexatriene (15 m g./l.) in toluene. A 
dual-channel coincidence liquid scintillation counter was 
used to measure the radioactivity.1

The catalyst, either as a pellet or powder, was added to 
the scintillator solution at room temperature. Hydrogen 
sulfide-S35 was prepared from alkaline BaS-S35 solution (ob­
tained from the Oak Ridge National Laboratory), and freed 
from possible C 02 contamination, by the method of Bills and 
Ronzio.2) The tagged H2S was added by freezing the scin­
tillator with liquid nitrogen, evacuating, and then freezing 
the H2S on to the frozen scintillator. The H2S35 was metered 
in an all-glass system equipped with a glass bourdon gage. 
Subsequent tests demonstrated that over 98% of the added 
H2S dissolved in the toluene; less than 2%  remained in the 
gas phase above the liquid scintillator (checking closely the 
values expected from the solubility data of Bell for the solu­
bility of H2S in toluene).3

(1) V. P. Guinn, “Liquid Scintillation Counting,” Pergamon Press, 
London, 1958, pp. 166-182.

(2) C. W. Bills and A. R. Ronzio, J. Am. Chem. Soc., 72, 5510
(1950).

Other tests were made that demonstrated that the com­
ponents added to the scintillator during the tests had negli­
gible quenching action on the scintillator, and also that 
catalyst support materials, such as alumina and silica, did 
not adsorb appreciable amounts of H2S from the solution. 
It also was determined that the S35 on the interior surfaces 
of the pellets as a consequence of exchange did not contribute 
significantly to the sample count rate. However, this was 
not true of powder samples, and it was necessary to shield the 
lower part of the sample cell by means of an aluminum cup 
in order to avoid counting S35 on powder. By this means, 
only light emitted from the upper portion of the scintillator 
solution was permitted to enter the photomultiplier tube; 
the powder settled to the bottom of the cell where light 
emitted toward the photomultiplier as the result of scintilla­
tion was intercepted by the cup.

Standards of radioactivity were prepared by dissolving 
measured amounts of the reference H2S36 in scintillator solu­
tion in sample cells identical to those used for the exchange 
experiments. The counting rate of these reference solutions 
was measured during the exchange experiments in order to 
provide a reference standard with automatic correction for 
decay of the S36 and for changes in the sensitivity of the count­
ing apparatus. The counting efficiency for the samples was 
about 65% (0.01 /jtc. S34 =  14,400 c.p.m .) and the back­
ground of the measurements was about 70 c.p.m.

Results and Discussion
The primary observables in an experiment are 

the weight, w , of catalyst used, the number of 
molecules, M ,  of hydrcgen sulfide charged, the 
initial counting rate, I c of the hydrogen sulfide 
solution, the final counting rate, and a curve 
representing the time-dependence of the counting 
rate between 7o and I a . These samples always 
reached an equilibrium, usually within two days, 
after which there was no further change in the radio­
activity level of the solution. A typical time-de­
pendence curve is shown in Fig. 1 (80.0 mg. of 
M 0 S2 in 25 ml. of scintillator, 17.00 X 10-6 mole 
H2S36). The primary result derivable from the 
measurements is the number,. N 9, of exchangeable 
sulfur atoms per g. of catalyst. In the absence of 
isotope effects on the equilibrium constants, I a / I o  
= M / ( M  +  N ew )  whence N B =  M ( h — I J ) / w I m. 
It remains to show that N a is proportional to the 
total number of atoms in the surface of the sulfide, 
and to determine the constants of proportionality. 
This was done experimentally by exchange measure­
ments with unsupported NiS, M0 S2, WS2, and 
mixed sulfides of various ratios. N B was deter­
mined for many such samples. The surface areas of 
these samples were measured by the BET method 
using N2 or Kr as an adsorbate. With these two 
pieces of information, it was possible to obtain the 
area per exchangeable sulfur atom for the various 
compositions.

(3) R. P. Bell, J. Chem. Soc., 3371 (1931).
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Fig. 1.— Exchange of H2S (S35) with a metal sulfide.

It was found necessary to take one important 
precaution when making these measurements. The 
surface of these sulfides are very non-stoichio- 
metric; under sulfiding conditions the surface may 
contain excess sulfur, under reducing conditions it 
may be deficient in sulfur, in the presence of air or 
oxygen some of the surface sulfur atoms can be re­
placed by oxygen atoms. For this reason, the 
catalyst must be subjected to some pre-treatment 
that results in a reproducible surface condition for a 
given sulfide. In this work the sample was evacu­
ated to 10~4 mm. or better (1-4 hr.) at 275°. It then 
was swept for 2 hr. with a 10 to 1 volume ratio of 
hydrogen to hydrogen sulfide at 275° and cooled 
under vacuum. The degree of variation en­
countered after such a treatment can be illustrated 
by the fact that numerous measurements on samples 
of M0 S2, NiS, andoWS2 gave values of 5.8 ±  0.4, 29 
±  2 and 20 ±  1 A .2 per exchangeable sulfur atom. 
For each substance the precision obtained is about 
±8%  of the value. This may be contrasted with 
the values obtained from M0 S2 subsequent to 
sweeping with pure IRS, which varied from 5 to 
0.03 A.2. The latter value was from a sample pos­
sessing a visible coating of sulfur. The area of a 
mixed sulfide, M M 02WS*, was found to be 7.2 ± 
0.5 A.2/atom.

It is of interest to compare the experimental ex­
change area per sulfur atom with the value ex­
pected from considerations of the crystal unit cell 
dimensions of M0 S2, NiS, and WS2. The unit 
cell dimensions of all three of these ^substances re­
sult in expected values of about 9 A.2 per surface 
sulfur atom. The exchange values found are both 
higher than this value (for NiS and WS2), and lower 
(for M0 S2). The reason for this discrepancy is not 
known definitely, but probably is related to the 
tendencies toward non-stoichiometry, particularly 
at the crystallite surfaces.

The data on bulk metal sulfides can be used to 
determine the area of supported sulfides only by 
assuming the area per exchangeable sulfur atom to 
be the same in both cases. Metal sulfide crystallite 
sizes were measured by X-ray diffraction methods 
on several samples in order to check this assump­
tion. The crystallite sizes so measured were com­
pared with crystallite sizes calculated from the ex­
change area data. In calculating crystallite sizes 
from surface area data, cubic crystals of uniform 
size, with one side masked by the support, were 
assumed. In Table I, the sizes determined by the 
two methods are compared.

T a b l e  I
M e t a l  Su l f id e  C r y s t a l l it e  S iz e s

Crystallite sizes

Sulfide Support
Exchange

data X-Ray data“

12% NiS AIA 26 40
22% WS2 AIA 150 100

100% NiM oW /S Unsupported 350 300-500
20% NiM oW /S AIA 46 45
14% NiM oW /S AIA 40 45
20% NiM oW /S Ul P 48 55
0 X -Ray data kindly supplied byR . M. Curtis and W. F. 

Sheehan of these Laboratories.

The agreement between the crystallite sizes deter­
mined by the two different methods is good enough 
to give some assurance that the values used for the 
areas of sulfide ions on the surfaces are not unreason­
able.

A typical application of this technique for meas­
uring the specific surface area of a supported metal 
sulfide is presented below. Three catalysts com­
posed of a mixed NiMoW sulfide on an alumina 
base showed approximately equal activities for the 
hydrogenation of a-methylnaphthalene in spite of 
both widely varying amounts of the sulfide com­
ponent and widely varying total surface areas. 
Examination of the sulfide component by the ex­
change technique disclosed that all of the catalysts 
had comparable sulfide areas per gram of catalyst. 
The pertinent data are listed in Table II.

T a b l e  II
A l u m in a  Su p p o r t e d  M ix e d  N iM o W  Su l f id e

%  Metal sulfide 
on support

20
34

100

Total areas, 
m.2/g.
290
250

23

Sulfide area 
m-./g. of cat.

35 
27 
23

In conclusion, it may be said that while the iso­
topic exchange technique described above is not a 
precise method, as compared with the BET method 
for measuring total surface areas, nor is it a rapid 
measurement to perform, it routinely has provided 
information that is difficult to obtain by other 
methods, namely, a measure of the available surface 
area of supported Ni, Mo, W, and mixed sulfides.

The authors wish to thank Miss Edna F. Dean for 
helpful discussions and assistance in this work.
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The kinetic salt effect is utilized to demonstrate that the reducing radical produced in water radiolysis has a unit negative 
charge and may be considered a solvated electron, designated H20 - . The effect of ionic strength on three rate constant 
ratios among the following four reactions was measured. H20 ~  +  H20 2 — »- OH +  OH-  +  H20  (1), H20 _ +  0 2 — >  H02 
+  O H " (2), H20 -  -f- H30 + — >  H +  2H20  (3), and H20 “  +  N 0 2_ — >■ N 0 2”  +  H20  (4). The ratio k,/ki is unaffected 
by ionic strength while fa/fci decreases and k jk i  increases with increasing ionic strength. From the slopes of the ionic 
strength curves the charge on the reducing radical is determined to be minus one.

The nature of the radicals produced in water 
radiolysis is not clear, although they generally have 
been referred to as “H” and “OH.” In recent 
years there has been considerable speculation 
concerning the reducing radical as it is known to 
exist in two forms with different kinetic behavior 
in aqueous solutions.2’3 The species produced 
in water radiolysis is converted into the second 
species by reaction with acid. Several authors2-4 
have suggested that the species produced in water 
radiolysis may be some form of a solvated electron. 
In this paper we will present ionic-strength effect 
evidence demonstrating that this species does have 
a unit negative charge. Throughout the rest of 
the paper we will prejudice our argument by re­
ferring to this form as H20~ and the acid form as 
H.

At low salt concentrations, rate constants for 
reactions between ions of similar charge increase 
with increasing ionic strength, while rate constants 
for reactions between ions of opposite charge 
decrease and rate constants for reactions between 
ions and neutral molecules do not change. This 
kinetic salt effect may be used to determine 
the magnitude and sign of the charge on a species 
if it reacts with an ion of known charge.

Most of the reactions of the radicals produced 
in water radiolysis are too rapid to follow directly, 
so we have measured the effect of ionic strength 
on rate constant ratios. H20~ is known to react 
readily with H202, 02, H30 + and N02~

H20 -  +  H20 2 — >  OH +  O H - +  H,0 (1) 
H20~ T  0 2 — ^  H 02 -f- OH-  (2)

H20 -  +  H30+  — =- H +  2H20  (3)
H20 -  +  N 02-  — >- N 02-  +  H20  (4)

(The products of reactions 2 and 4 may be 02-  and 
N0, respectively.) Czapski and Allen5 have demon­
strated that the rate constant ratio U/fci can be 
determined in solutions of 02, H202 and KBr while 
k3/ki can be determined in the same system upon 
the addition of acid. Schwarz and Allen6 have 
demonstrated that k j k x can be measured in solu­
tions of KN02 and H202.

(1) Research performed under the auspices of the U. S. Atomic 
Energy Commission.

(2) N. F. Barr and A. O. Allen, J. Phys. Chem., 63, 928 (1959).
(3) E. Hayon and J. Weiss, Proc. Second Intern. Conf. Peaceful Uses 

Atomic Energy, 29, 80 (1958).
(4) A. R. Anderson and E. J. Hart, J. Phys. Chem., 65, 804 (1961); 

J. T. Allan and G. Scholes, Nature, 187, 218 (1960).
(5) G. Czapgki and A. O. Allen, ibid., 66, 262 (1962),
(6) H. A. Schwarz and A. O. Allen, J. Am. Chem. Soc„ 77, 1324 

(1955).

Experimental
All solutions were irradiatec in a Co60 source at a dose rate 

of 3.6 X 1020 e.v ./l. min. The change in hydrogen peroxide 
concentration was followed m each system. The earlier 
studies6'6 indicated that analysis for this component was 
sufficient for following the reactions. The iodide method 
of analysis developed by Ghormley7 was used in the oxygen, 
peroxide and bromide solutions with and without perchloric 
acid added. In analyzing so utions of H20 2 and K N 02 for 
peroxide, the iodide concentration of the reagents was low­
ered by a factor of five as secommended by Schwarz and 
Salzman.8 The lower iodide concentration eliminated the 
problem of a time-dependent blank due to the thermal 
oxidation of iodide by nitrite.

The rate constant ratio ktfki was determined in air-satu­
rated solutions containing I f -4 M  KBr and 1.22 X 10~4 
M  H20 2. The ionic strength was changed by adding two 
salts, MgS04-7H20  and LiClC4-3H20 .

The determination of k3/ki was made in air-saturated solu­
tions containing 10~4 M  KBr, 10~3 M  HC104 and varying 
amounts of H20 2. The ionic strength was varied by the 
addition of LiC104 -3H20 .

The determination of ki/ki was made in nitrite-peroxide 
solutions deaerated by nitrogen bubbling. All experiments 
were performed with a potassium nitrite concentration of
I. 02 X  10 ~3 M . Most of the work was done with a peroxide 
concentration near 1.5 X  10 ~*M,  as the data are most sen­
sitive to changes in ionic strength at this concentration. 
However, two series of experiments were performed with 5.6 
X 10 ~4 M  H20 2. Ionic strength was varied by the addition 
of LiC104-3H20 , KC104, NaC104, LaCl3’6H20 , M gS04- 
7H20 , K 2S04 and Li2S04 ’H20 .

Results
Oxygen, Hydrogen Peroxide, Potassium Bromide 

System.—Czapski and Allen5 found that the per­
oxide yields observed in this system agreed well 
with a mechanism including reactions 1 and 2 and 

H20 — >  H20  - , OH, H2, H20 2 (5)
OH +  B r - — >- Br +  OH~

Br +  H20 2 -----s- H+ +  Br~ +  H 0 2
2H 02 — H20 2 T  0 2

Reaction 5 is the production of molecular products 
and radicals by the absorption of radiation.

The function of the bromide in this system is to 
convert OH, which oxidizes both H2 and H202, 
into Br, which reacts on y with H202, thus simpli­
fying the kinetics. The equation describing this 
system is

___________ 1___________ -  , fe____ (0 2) /T\
(?o(H20 2) -  Cr(H20 2) 2Gmo- +  2 fa G W  (H20 2) w

where Gn,o~ is the yield of H20 -  produced by the 
radiation (reaction 5) i 1 units of molecules per 
100 e.v. absorbed in the solution, (?(H202) is the 
observed yield of hydrogen peroxide and G'0(H2O2)

(7) A. O, Alien, C. J, Hochanac el, J. A. Ghormley and T. W. Davis,
J. Phys. Chem., 56, 575 (1952).

(8) H. A. Schwarz and A. J. Salzman, Radiation Research, 9, 502 
(1958).
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i

I +
Fig. 1.— The effect of ionic strength on K/Ka: upper 

curve, K  =  /c4/fci, K<j =  0.34 =  kt/k\ at zero ionic strength; 
middle curve, K  =  k2/ki, Ko =  2.0; lower curve, K  =  
k3/ki, Ko =  1.95. The ionic strength was varied with LiC104, 
O; KC104, □ ; NaC104, A ; and M gS04, x . The closed circles 
represent no added salt other than the reactants.

("H202 x l O ' V

Fig. 2.— The variation of (?(H20 2) with peroxide concen­
tration in air-saturated peroxide solution containing 10 ~3 M  
HC104. The data are presented in a form suggested bv 
equation 2: o ,  10 -4Af ICBr; •, 10~l M  KBr and 0.1 M  
LiClO, added.

is the initial yield of hydrogen peroxide in solutions 
containing only air and bromide. G0(H2O2) may 
be seen to be equal to Gm0i +  V2 (GH2o- -  G o h ) ,  
where GhsOj is the molecular yield of peroxide and 
(?o h  is the yield of OH produced in reaction 5. The 
value of /e2/fci is 2.0, G^o-  is 2.85 radicals per 100 
e.v. and (ro(H202) is 0.86.6 Equation I states that 
the observed yield of peroxide becomes more

negative as (H202)/(02) is increased, which may 
be seen by inspection of the mechanism.

Air-saturated solutions containing 1.22 X 10~4 
M  H202 and 10 _4 M  KBr were irradiated. Three 
sets of experiments were performed in which no 
other salt was added, 5 X 10 ~3 M  MgS04 was added 
and 4 X 10-2 M  LiC104 was added. (?(H202) 
was 0.099, 0.100 and 0.086, respectively. The 
values of k2/ki were calculated from these yields 
and eq. I assuming Gh2o~ and G0(H2O2) to be un­
changed by the addition of the salts. The results, 
expressed as log (/i’2//ci)/(fc2/fti)o, where (k2/ki)0 is 
the extrapolated value of k2/k 1 at zero ionic strength, 
are shown in Fig. 1 as the middle set of points. 
It is seen that varying the ionic strength from 10 ~4 
M  to 4 X 10-2 M  has no effect on k2/ki.

Oxygen, Hydrogen Peroxide, Potassium Bromide 
and Perchloric Acid System.—Hydrogen ion com­
petes with peroxide and oxygen for H20 - .6 The 
product, H, does not react readily with peroxide. 
The mechanism used above to describe the system 
in the absence of acid applies in the presence of 
acid with the inclusion of reaction 3 followed by

H +  0« H 0 2
Thus hydrogen ion behaves similarly to 02 and 
the kinetic equation describing the mechanism is
{<7o(H 20 2) -  G (H 20 2) | - i  =

1 L  , fe (0 0  , h  (H+) l
2G W  I k 1 (H20 2) h  (H 20 2) )

(II)

The various sjonbols have the same meaning as 
before. At an ionic strength of 1.1 X 10~3 M , 
h /k i was found to be 2.O.5 G0(H2O2), the initial 
yield of H202 in peroxide-free solutions, was de­
termined in air-saturated, 10_4 M  KBr solutions 
containing 10_s M  HCIO4. In the presence of 
0.4 M  LiC104, G0(H2O2) was 0.90. In the absence 
of added salt it was 0.91, showing that Go(H202) 
is independent of ionic strength.

The effect of ionic strength on the peroxide 
yield is shown in Fig. 2. The reciprocal of G0(H2O2) 
— G (H202) is plotted as a function of the reciprocal of 
the hydrogen peroxide concentration at the natural 
ionic strength and at the extreme ionic strength 
used, 0.1 M  LiC104. G(H202) is considerably more 
negative in the presence of added salt. Each point 
in Fig. 2 represents 6 to 10 measurements of the 
H202 concentration as a function of the dose. 
The slopes of Fig. 2 are equal to 1/2Ghso- {kz/k 1 
(02) +  h /k i (H+)}. Since k2/k 1 is independent 
of ionic strength, the change in slope is due to a 
change in k3/ki again assuming Gh2o- to be inde­
pendent of the ionic strength. The variation of 
log ( h / k j/ ih / k jo  with ionic strength is given in 
the lower curve of Fig. 1 (the constant (k3/ki)0 is 
k-z/ki at infinite dilution).

Potassium Nitrite, Hydrogen Peroxide System. 
—Schwarz and Allen6 have studied the radiation in­
duced reaction between nitrite ion and hydrogen 
peroxide. The data were consistent with the 
mechanism of reactions 5, 1, 4 and

OH +  N 0 2-  — > O H - +  N 0 2 
N 0 2-  +  N 0 2 — ^  2N 02-  

2N 02 +  H20  — >  N 0 2-  -  N 0 3-  +  2H +

In further work8 it was found that the back re-
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action became important as the nitrate concentra- 
H20 '  +  N 0 3- — >  N 02 +  20H ~ (6)

tion built up during the reaction. The equation 
describing this mechanism is
G(H20 2) Gh2Oj

____________ G H»Q~_____________

1 , kJ  (NQ2~) h  (N O ,-)
+  h  (H 20 2) h  (H 20 2)

(III)

(thjOj is the initial yield of II202 in peroxide-free 
nitrite solutions and according to the mechanism 
is equal to the molecular yield of peroxide produced 
in reaction 5. Equation III suggests that G(H202) 
will be zero at a certain ratio of reactants and that 
the measured yields of H2O2 will be particularly 
sensitive to changes in rate constants in the neigh­
borhood of this ratio. In Fig. 3, the upper curve 
gives the change in peroxide concentration as a 
function of dose for a solution of KNO2 and H202 
and the lower curve is the same system with 4 X 
10~2 M  LiClOi added. The peroxide yields are 
small and a large salt effect is observed.

A rearrangement of terms in equation III gives 
equation IV
kt/ki =

< Gmo-_________ M ______________(H 20 2)av.___________ j
1 GWh -  G(H20 2W  J } (NO,-)o +  (kr/kt -  l)(N O ,-)»v 1

(IV )
in which the approximation has been made of 
equating differential yields and average yields. 
In this equation, G(H202)av = A(H202)/dose and 
(H202)av = (H202)o +  /̂2 A(H2O2)• The material 
balance in this system is given by (N03~) +  A- 
(H202) = Gn/dose) where Gh, = 0.414 and is the 
molecular hydrogen yield produced in reaction
5, so that (N03-)av = 1/ 2{GH!(dose) — A(H202)}. 

The rather strong curvature of the curves in
Fig. 3 is due primarily to the production of nitrate 
and its subsequent reaction according to reaction
6. Unfortunately, no independent estimates of 
kt/k4 are available. A value of fc6/fc4 of 1.8 was 
used as it gave the best fit with curves such as in 
Fig. 3. The initial yields of H202, Gh,o2, were 
determined to be 0.61, 0.61 and 0.59 in solutions 
containing no added salt, 4 X 10-2 M  LiC104 and
2 X 10-2 M  K2SO4, respectively, indicating again 
that the initial yield does not depend on ionic 
strength. These yields agree well with the value 
reported earlier for 10~3 M  nitrite solutions,8 
0.61. Gh,o_ was taken as 2.8.

The values of k jk i obtained from eq. IV are 
given in Fig. 1 (upper curve) as log (fc4/A:i)/(fc4/  
/ci)o, where (fc4/fci)0 is the value of k jk i at infinite 
dilution. The ionic strength was varied by the 
addition of several perchlorates. Each point 
represents the average of five irradiations as a 
function of dose. The average deviation of the 
five determinations from the mean was ±1.0%. 
All of the points given in Fig. 1 were obtained with 
initial (N02_) to (H202) ratios of about 7. Two 
series of experiments were performed with a (N02_) 
to (H202) ratio of 2 at the natural ionic strength 
(1.02 X 10-3 M ) and with 4 X 10-2 M  LiC104 
added, k jk i was found to be 0.44 and 0.63, 
respectively, compared to values of 0.37 and 0.49 
at (N02_) to (H202) ratios of 7. The relative

IR R ADIAT ON TIM E , M IN .

Fig. 3.— The change in hyirogen peroxide concentration 
with irradiation time in solutions containing 1.02 X 10-3 M  
K N 02 and 1.51 X M  H20 2: X , no additional salt
added; O, 4 X  1 0 M  LiC104 added.

X

O.l 0.2

l +
Fig. 4.— The effect on ¿4/fc of varying the ionic strength 

with multivalent salts: O, LaCl3; X , M gS04; •, K 2S04; □ 
Li2S04. The broken line represents the mean of the data 
concerning kt/ki from Fig. 1.

effects of ionic strength in the two cases agree well, 
considering that the error in determining fc4/fci 
is large at the lower 1N02- ) to (H202) ratios. 
There is a discrepancy Li the absolute magnitude 
of kt/ki at the two concentration ratios which 
undoubtedly reflects errors in the constants used 
and in the mechanism. Such systematic errors 
do not affect the relative results at one concentra­
tion ratio, and indeed the points of Fig. 1 vary by 
only ±0.005 for values of Gh2o- from 2.4 to 3.4 
or values of kt/kt from 0 to 4.

Values of log fc4//ci obtained by adding LaCl3 and 
several sulfates are give.i in Fig. 4. The broken 
line represents the mean of the data from Fig. 1.

In calculating the rate constant ratios k%/k±, 
kz/ki and ki/ki, it was assumed that Gh2o_ was 
independent of ionic strength. This assumption 
is not subject to simple test in these solutions, as 
GH!o ~ is found as an extrapolated intercept. In 
all three systems the quantity which is determined 
with considerable precision, almost independent 
of Gao", is the product of the reciprocal of Gn^o ~
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and the rate constant ratio, for instance h%/kr  
Gmo~- It is implausible to consider that (7h2o- in­
creases with the square root of the ionic strength 
in one system, decreases in another and remains 
unchanged in the third.

Discussion
The usual form of the equation relating rate 

constants and ionic strength, obtained from the 
Bronsted model of ionic reactions and the extended 
Debye theory of ionic solutions, is9’10

i,g  l- 1.02« ( V)

where k is the rate constant at ionic strength p, 
fc(, is the rate constant at infinite dilution of ions, 
Za and J?b are the algebraic numbers of charges on 
the reactants and a is a parameter near unity and 
taken as such. Thus, the rate constant will in­
crease, decrease, or remain the same with increasing 
ionic strength, depending on whether the reactants 
have the same sign, opposite signs or whether one 
reactant is neutral. All three types of behavior 
are seen in Fig. 1. The lines drawn are for slopes 
of +1.02, 0 and —1.02, respectively, corresponding 
to a unit negative charge on H20~. The agree­
ment with the data is excellent.

Deviations from equation V are observed in 
Fig. 4, where the ionic strength is varied by the 
addition of multivalent ions. These deviations 
are expected and lend support to the interpretation. 
Rate constants for reactions between ions of the 
same charge depend more upon the concentration 
of ions of opposite charge than on ions of similar 
charge. Hence replacing perchlorate by sulfate 
does not have much effect on the rate constants, 
while it increases the ionic strength by a factor of 
two. Similarly, as lanthanum is a triply charged 
positive ion, it exhibits an abnormally large effect.

(9) H. A. Schwarz, J. Am. Chem. Soc., 77, 4960 (1955).
(10) S. E. Benson, “The Foundations of Chemical Kinetics,” Mc­

Graw-Hill Book Co., New York, N. Y., 1960, p. 525.

The relative effects of perchlorates and sulfates 
on k jk y agree quantitatively with the observations 
of Indelli, Nolan and Amis11 for the alkaline hy­
drolysis of potassium malonate in which two re­
actants with unit negative charge are reacting. 
The enhanced effect of LaCl3 agrees qualitatively 
with the observation of Indelli and Prue12 in their 
study of the persulfate oxidation of iodide. They 
observed a larger positive deviation than we observe, 
which agrees with the higher charge on the acti­
vated complex in the 1 ~, S208= reaction. Such 
deviations have been discussed by Scatchard,13 
who finds them in agreement with predictions 
based on the Mayer theory of electrolytes.

Two other observations on the nature of H20~ 
may be made on the basis of these data. First, 
the species is thermal, otherwise the ionic strength 
effect would not be observed. The derivation of 
equation V depends upon maintaining a Boltzmann 
distribution of the concentration of charges around 
an ion. Secondly, H20~ must move slowly enough 
to maintain its ion atmosphere, i.e., it must be 
solvated. If it moved rapidly, the charge distri­
bution surrounding the activated complex would 
resemble that of a univalent ion and the change in 
the activity coefficient of the activated complex 
would only be half of that for a divalent ion. One 
other observation on the nature of H20~, not based 
on the present data, perhaps is in order. It is 
known that H2(D reacts quantitatively with rea­
gents such as H202 and 02 present in low concentra­
tions of the order of several pM  without undergoing 
a first-order reaction to produce a hydrogen 
atom.2'14 This suggests that II20 is quite stable, 
the rate constant for the reaction H20 _ H +  
OĤ  probably being less than 104 sec.̂ 1.

(11) A. Indelli, G. Nolan, Jr., and E. S. Amis, J. Am. Chem. Soc., 
82, 3237 (1960).

(12) A. Indelli and J. E. Prue, J. Chem. Soc., 107 (1959).
(13) G. Scatchard, Natl. Bur. Standards Circ. 524, 1953, p. 185.
(14) H. A. Schwarz, J. Phys. Chem., 66, 255 (1962).
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The N 13-labeled compounds produced when gaseous methane, methanol, or ethanol are bombarded with 2 Mev. deuterons 
have been investigated. H CN 13 and CH3CN13 are the gaseous activities found for CH4 and CH3OH. These activities plus 
C2H5CN 13 were found in ethanol bombardments. Experiments with rare gas additives and Br2 suggest that cyanogen ion or 
radical is the B 13 carrier and that the HCN is formed by reaction with materials on the wall of the vessel, whereas the CH3CN 
is formed by reaction with target gas molecules in the gas phase.

Introduction

In a previous investigation2 the radioactive N13 
products, formed when alkyl halide derivatives 
undergo C12(d,n)N13 reactions in the gas phase, 
were identified. Indications were obtained that 
the radioactive products such as HCN and C1CN

• (1) Work done under the auspices of the United States Atomic En­
ergy Commission.

(2) H. Schmied and W. S. Koski, J. Am. Chem. Soc., 82, 4706 
(1960).

arose from the reactions of N13 recoils with the 
alkyl halide. This could not be determined with 
certainty because of the possible role of radiation- 
damage products. In this paper an extension 
of these studies to methanol and ethanol is de­
scribed. Through the use of Br2 as a scavenger, 
from the effect of rare gas additives on the reaction 
and from a careful examination of the products 
obtained from deuteron bombardment of methane 
and the alcohols, a better insight has been obtained 
into the nature of these reactions.
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Experimental
The bombardments were made with 2 Mev. deuterons 

from an electrostatic generator in our Laboratory. Beam 
currents and bombardment times were kept as low as pos­
sible to minimize complications through radiation damage. 
Currents as low as 0.03 /iamp. and irradiation times of 2 
min. can be taken as the lower limits used for these param­
eters. The irradiations were made through a 0.0001-inch 
nickel foil. The irradiation cells were made of brass and of 
glass and ranged from 2-7 cm. in diameter and were about 
16 cm. long. The methyl alcohol used was the Baker 
analyzed reagent grade product and the absolute ethyl alco­
hol was a U. S. Industrial product. The methane was 
Phillips research grade. The gas chromatograph was an all­
glass instrument operated from 80-115°. It contained a
12-ft. column of “ Celite” coated with silicone oil. Helium 
was used as a carrier gas and a flow of 40 cc./min. was main­
tained by a pressure regulator. Detection of macro amounts 
of material was realized with a thermal-conductivity cell. 
The radiaoactive gases were detected with two 2it methane 
proportional counters viewing diametrically opposite Mylar 
windows of a glass cell through which the gas passed on exit 
from the chromatograph. The responses of the detectors 
were recorded with a two-pen recorder. Identification of 
the compounds was made through a comparison of their 
retention times with those of the reference compounds.

Results and Discussion
Typical radioactive gas chromatograms obtained 

for deuteron irradiation of methyl and ethyl alcohol 
in a glass cell are given in Fig. 1. Peak I has been 
identified as due to N2 and arises by reaction of 
N 13 with residual amounts of nitrogen gas present 
as an impurity on the walls of the cell or in the 
target gas. Peak II is due to HCN, III to CH3CN, 
and IV to C2H5CN. In similar irradiations of CH4, 
peaks I, II, and III also appear. No ammonia or 
amines were detected in spite of a careful search. 
One can vary the relative intensity of these peaks 
by changing experimental conditions. For ex­
ample, addition of 5 mm. of N2 to 75 mm. of CH3OH 
in a brass cell caused the activity of peak I to in­
crease from 370 (no N2 added) to 7000 c.p.m. In­
creasing the alcohol pressure resulted in a reduc­
tion in absolute amount of N2 radioactivity. In 
view of extensive attempts to free the target gas of 
N2, it is concluded that the bulk of the radioactive 
nitrogen, in the case where no N2 was deliberately 
added, comes from the reaction of N 1S with ad­
sorbed N2 on the walls of the irradiation cell. This 
exchange reaction apparently also can occur with 
nitrogen molecules in the gas phase. The idea that 
the wall plays an important role in the formation 
of residual nitrogen molecule activity is supported 
by the following observation. On extensive ir­
radiation, polymeric material from radiation- 
damage effects can be deposited on the walls of 
the glass reaction vessel. Under such conditions, 
the adsorbed nitrogen is covered and subsequent 
irradiations of methanol give no radioactive N2. 
On the other hand, when this polymer coating is 
removed and an irradiation is made, the radioactive 
nitrogen again appears even though no N2 was 
added to the system. The behavior of the radio­
nitrogen yield as a function of target gas pressure 
also tends to support the view that it results from 
a wall reaction.

The amount of HCN yield also is considerably 
influenced by various experimental parameters. 
The role of metal cells has been mentioned2 pre­
viously and similar observations have been made 
with the present system. Use of clean brass cells

c.p.m.

Time (min.).
Fig. 1.— Gas chromatograms of N 13 compounds formed 

b3f deuteron bombardment of methanol (upper) and ethanol 
(lower).

for reaction vessels completely removes the gaseous 
HCN yield and the activity is found on the wall 
of the cell. The alcohol system differs in one point 
from the alkyl halide system previously reported.2 
In the latter case, it was found possible to condi­
tion the metal surface by extensive irradiation of 
the alkyl halide so that such cells did give a gaseous 
HCN yield. This presumably arises from the 
protective polymer coating that is put on the walls 
of the metal vessel. In the case of the alcohols 
studied here, such conditioning of the metal surfaces 
could not be realized and no HCN was detected 
when brass cells were used.

A second factor that influences drastically the 
HCN yield is the addition of small amounts of 
gaseous N2. The addition of 5 mm. of N2 to 110 
mm. CH3OH in a glass irradiation cell resulted in 
a fall in HCN activity from 16,000 to 4500 c.p.m. 
with a corresponding increase of the radio N2 activ­
ity. There was no discernible effect on the CH3CN  
yield.

The cell size also has an influence on radio HCN  
yield. Increasing the glass cell radius by a factor 
of three decreased the ratio of HCN/CH3CN by 
a factor of five. Such changes favored CH3CN 
production and reduced the HCN yield to the extent 
that now the CH3CN was the dominant gaseoil 
activity.
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Fig. 2.— Pressure variation of CH3CN13 (upper) and 
HCN13 (lower) yield from deuteron bombarded methanol 
and ethanol, respectively.

The influence of alcohol pressure on the yield of 
HCN and CH3CN is shown in Fig. 2. The radio 
CH3CN yield increases with alcohol pressure and 
is approximately linear. The accuracy of the 
measurements is such that one would not detect 
a relatively small curvature in the plot. On the 
other hand, the yield of HCN goes through a definite 
maximum if one makes measurements at sufficiently 
low pressures. The general increase of the CH3CN 
yield as a function of alcohol pressure is expected 
if the material is produced in the gas phase since 
the greater the number of carbon atoms present 
the greater the N 13 production and its subsequent 
products. On the other hand, the HCN yield 
vs. pressure curve could be explained best if the 
bulk of the HCN production occurs on the walls 
of the vessel since, with increased pressure, fewer 
of the N 13 carriers would get to the walls prior to 
reacting in the gas phase.

Another parameter that influences the HCN yield 
is the presence of rare gases. These experiments 
were performed by adding 15 mm. of alcohol to
5-50 mm. of rare gas and comparing the HCN yield 
to the case where no additive was present. Ex­
amples of typical results obtained are the following. 
When no rare gas was added to a certain run, the 
HCN peak was 220 e.p.m.; the addition of 51 
mm. of argon gave a peak of 280 e.p.m.; and 
51 mm. of Kr gave 570 e.p.m. The corresponding 
figures for the CH3CN peak were 250, 170, and 130 
e.p.m., respectively. Of the number of experiments

of this type that were run, all indicated this rise 
in HCN yield and a corresponding fall in CH3CN 
yield as one proceeded from no rare gas additive 
to argon and then to krypton. Rare gases can 
have several possible effects and two that are 
probably of pertinent interest here are moderation 
and charge exchange. Both argon and krypton can 
act as moderators; i.e., the radioactive carrier, 
be it N 13 or CN13 in ion or radical form, will undergo 
collisions with the moderator and be slowed down 
to thermal energies. There is also the possibility 
of charge exchange if the ionization potentials are 
favorable. For example, the first ionization po­
tentials of argon, nitrogen, CN radical,3 and 
krypton are 15.7, 14.5, 14.5, and 13.9 volts, re­
spectively. Consequently, charge exchange would 
be expected to occur between krypton and N + or 
CN+ but not with argon. If moderation and 
charge exchange are the contributing factors to the 
variation of the yield of radioactive products, one 
would conclude that HCN is produced by a thermal 
reaction involving a neutral reactant since addi­
tion of rare gases results in more effective thermali- 
zation of the N 13 carrier. Kr would be expected 
to be a less efficient thermalizer than Ar; however, 
the enhancement of the HCN yield realized with 
Kr can result from a charge transfer process produc­
ing more radical carriers, which are presumably 
one of the reactants. The fall of the CH3CN 
yield with rare gas addition can be explained best 
if the reactant is an ionic N 13 carrier with greater 
than thermal energies.

Considerable attention has been given to the 
possible role that radiation-damage products might 
play as far as the yield of radioactive products is 
concerned. Measurements were made with vary­
ing beam currents, pressures, and times of irradia­
tion. In these runs, the beam current was as 
low as 0.03 ^amp. and irradiation time as short as 
2 min. Under such conditions, less that 1% of the 
target gas was destroyed. In general, the yield 
was linear with increasing beam current and time 
until a large amount (>30% ) of the target gas 
was destroyed. Even under conditions of mini­
mum amount of radiation damage compatible 
with obtaining a detectable amount of radioactive 
products, one has a considerable amount of damage 
along the beam path. Consequently, the N 13 
produced by the nuclear reaction has a high prob­
ability of undergoing a number of collisions with 
ions and free radicals in the beam path. The 
question then arises whether a significant amount 
of the final products arise from the reaction of the 
N 13 carrier with free radicals or ions resulting from 
radiation damage, or is the reaction between N 13 
carrier and target gas molecules. An experiment 
which has some bearing on this question is one in 
which Br2 was added to the target gas. Bromine 
is an efficient scavenger for organic free radicals; 
consequently, its presence should reduce the radio­
active product yield if the radiation-damage frag­
ments were one of the reactants. Experiments 
in which there was as much as 20 mole %  Br2 in 
methanol showed that the yield of CH3CN was not

(3) V. H. Dibeler, R. M. Reese, and J. L. Franklin, J . A m . C h em .
S o c . 83, 1813 (1961).
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influenced appreciably, whereas the HCN yield 
was increased by about 30%. This suggests 
that the reaction between N 13 carriers to give the 
final product does not involve the free radicals 
from radiation-damage but the reaction apparently 
occurs with the target gas or the materials on the 
surface of the reaction vessel. The increase in 
HCN yield in the presence of Br2 probably results 
from thermalization and charge-transfer processes.

Although one cannot as a result of this study 
outline a complete mechanism by which the radio­
active products are formed, one can make some 
pertinent conclusions as to the nature of the mech­
anism. The fact that CH4, CH3OH, and C2H60H 
give HCN and CH3CN, and in addition, the ethanol 
gives C2H6CN, suggests that the cyanogen ion or 
radical is the N 13 carrier as far as the observed radio­
cyanides are concerned. The fact that neither 
ammonia nor amines are observed suggests that 
neither NH nor NH2 are the N 13 carriers. The 
question then arises—how is the C-N  bond formed? 
A possibility is that N 13 ion can react to form ions 
such as CH4N+ when methane is the target gas, 
for example, and this ion on decomposition gives

rise to CN+. This CN+ ion can react in the gas 
phase with methane to give CH3CN or, on neutral­
ization, it gives the cyanogen radical which can 
abstract hydrogen mostly from materials deposited 
on the walls of the vessel to give HCN. It also 
can replace hydrogen on the wall-adsorbed mole­
cules to form cyanides which remain on the walls 
of the vessel. Such activity has been found on the 
walls; however, the material has not been identi­
fied as yet.

The fact that a significant amount of N 13 activity 
is present in one or more unidentified forms on the 
walls of the vessel is of some concern since it may 
have an important influence on the mechanisms 
of the reactions occurring. It also has prevented 
the realization of a satisfactory radioactivity 
balance and this point should be taken into con­
sideration when comparisons are being made 
between the changes in yields of radioactive 
products as in Fig. 2. Such comparisons cannot 
be made in the present data; however, it is ex­
pected that this complication will be overcome in 
future work.

THE EFFECT OF THE EXPONENTIAL DISTRIBUTION FUNCTION ON 
THE ELECTROPHORETIC CONTRIBUTION TO THE CONDUCTANCE OF

1-1 ELECTROLYTES1
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Kedzie Chemical Laboratory, Michigan State University, East Lansing, Michigan 
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The use of the exponential ionic distribution function rather than the linear or quadratic expansion of it is demonstrated 
to have a large effect upon the electrophoretic contribution to conductance. Calculations by digital computer were made 
for a number of salts in dioxane-water and in ethanol-water mixtures, and it was found that much of the deviation from con­
ductance theory usualty attributed to ion-pair formation could arise from neglect of the higher terms in the distribution 
function.

Introduction
The theoretical calculation of the conductance of 

electrolytes has attracted attention for many years 
and has been beset by many problems. Not the 
least of these has been the calculation of the degree 
of association of the ions to form ion-pairs. Before 
one can calculate the association constant, it is 
necessary to know the proper conductance function 
for the ionic species. When association is marked, 
as for a weak acid or a salt in a medium of low dielec­
tric constant, the Onsager limiting law can be used 
successfully. For cases of slight association, how­
ever, the constant is very sensitive to the theoretical 
conductance function used.

A number of extensions of the limiting law have 
been proposed2-4 and Fuoss has used the Fuoss-

(1) This paper is based in part on a thesis presented by David J. 
Karl to the School for Advanced Graduate Studies of Michigan State 
University in partial fulfillment of the requirements for the degree of 
Doctor of Philosophy, 1960.

(2) E. Pitts, Proc. Roy. Soc. (London), A217, 43 (1953).
(3) H. Falkenhagen, M . Leist, and G. Kelbg, Ann. Physik, [6] 11, 

51 (1953).
(4) R . M . Fuoss and L. Onsager, Proc. Natl. Acad. Sci. U. S., 41, 

274 1010 (1955); J . Phys. Chem., 61, 668 (1957); 62, 1339 (1958).

Onsager extension to calculate the association con­
stant for ion-pair formation in mixed solvent sys­
tems.6’6 Since this treatment has been very suc­
cessful in fitting conductance data and in cor­
relating ion-size parameters, limiting mobilities, 
and association constants over a wide range of di­
electric constants, the basic equations for the con­
ductance of unassociated electrolytes appear to be 
sound, at least for the case of large ions. This paper 
shows that terms which were dropped in the treat­
ment of the electrophoretic effect are not small for 
those cases requiring the introduction of an associa­
tion constant. In fact, simply retaining these terms 
yields a surprisingly good fit of the data for reason­
able and constant ion-size parameters in many 
cases, without requiring consideration of ion- 
pair formation. It is suggested that the as­
sociation constant calculated from conductance 
data is forced to include ionic interaction effects in 
addition to effects attributable to the formation of a 
distinct neutral species.

The Distribution Function.—The terminology
(5) R . M . Fuoss, J. Am. Chem. Soc., 79, 3301 (1957).
(6) R . M . Fuoss and C. A. Kraus, ibid., 79, 3304 (1957).
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and symbols used in this paper are those of Harned 
and Owen.7 The Onsager limiting law used the 
distribution function (for the unperturbed dis­
tribution)

/°ii =  run-, (1 — e\ t 0-,/kT) (1)

obtained by expanding the exponential distribution 
function

/°ii =  n&i exp[— e\ V'JkT\ (2)

in a power series and neglecting higher order terms. 
Fuoss and Onsager4 retained another term in the 
expansion of (2) as well as other terms from the 
equations of motion of order c to obtain an expres­
sion for the relaxation field. Their distribution 
Junction is

In this equation, the second term depends upon 
ic1/! and the third term upon c. All terms of order 

and higher were discarded. Since the third 
term in eq. 3 cancels out of the electrophoretic inte­
gral, their results for this effect are the same as were 
obtained previously for a non-zero ion-size param­
eter. The functional form of ipaj was obtained 
from the solution of the linearized Poisson-Boltz- 
mann equation. Pitts2 used the Gronwall-La 
Mer-Sandved expression for the potential8 and the 
distribution function (3) in his treatment of both the 
relaxation and the electrophoretic effects. Pitts 
notes that the approximations made in dropping 
higher terms limits the applicability of the equations 
in media of low dielectric constant; for example, to 
concentrations below about 5 X 10“ 4 M  in ethanol 
(D =  24.3). Falkenhagen, Leist, and Kelbg3 used 
a modification of (1) introduced by Eigen and 
Wicke9 to correct the Boltzmann distribution for 
the fact that two atmosphere ions cannot simul­
taneously occupy the same region of space.

It has been pointed out frequently10“ 12 that the 
exponential distribution function (2) is incompat­
ible with the Poisson equation. On the other hand 
the linear function (1) is certainly incorrect at 
small values of r because it ignores the exponential 
dependence of the distribution function upon the 
interaction energy. Onsager13 has shown that the 
statistically correct expression for the time-aver­
age ionic distribution function is

fa = exP \ j?f\  (4 )

in which Wn is the time-average interaction energy. 
At close distances of approach the most important 
contribution to TTji is the pair-wise coulombic in­
teraction of the two ions, and screening effects are

(7) H. S. Harned and B. B. Owen, “ The Physical Chemistry of 
Electrolytic Solutions,”  Third Edition, Reinhold Publishing Corpora­
tion, New York, N. Y ., 1958'.

(8) T . H. Gronwall, V. K. La Mer, and K. Sandved, Physik. Z ., 29, 
358 (1928).

(9) M . Eigen and E. Wicke, N  atur w is s e n  schäften, 3 8 , 453 (1951).
(10) R. H. Fowler, “ Statistical Mechanics,”  Cambridge University 

Press, New York, N. Y ., 1929, Chap. X III .
(11) R. H. Fowler and E. A. Guggenheim, “ Statistical Thermo­

dynamics,”  Cambridge University Press, New York, N. Y ., 1952', 
Chap. IX .

(12) R. A. Robinson and R . H. Stokes, “ Electrolytic Solutions,”  
JButterworths Scientific Publications, London, 1955, pp. 76, 128, 142.

(13) L. Onsager, J .  Chem. P h y s . ,  2, 599 (1934).

of secondary importance.14 The distribution func­
tion of Bjerrum15 for r <  q =  [e,ej } / 2 D k T  includes 
only this pair-wise interaction. At large values of 
r, e, pj/kT  < <  1 and the exponential function and 
the linear function are essentially the same.

The differences among the various distribution 
functions can be examined qualitatively by utilizing 
a graph of the radial charge distribution about an 
ion. Such a graph is shown in Fig. 1 for a repre­
sentative case using D  =  25, T  =  298, na =  0.100, 
a =  4 X 10“ s cm., \Z +\ = \Z-\ =  1. For 
these conditions it can be seen that when r >  4a, the 
linear function and the exponential function give 
nearly the same charge distribution, and that most 
of the atmosphere is outside of this distance. The 
diagram also shows that the form of the charge dis­
tribution curve obtained using the potential func­
tion of Gronwall, La Mer, and Sandved and the 
exponential distribution function is similar to that 
obtained using the Debye-Huckel potential func­
tion. It is to be noted that because of a cancella­
tion of terms, the distribution function (3) gives the 
same charge density as the linear function (1).

Recently, Fuoss and Onsager16 have proposed a 
new distribution function which includes the pair­
wise interactions at close distances and merges into 
an extension of the Debye function at the Bjerrum 
distance q. While this approach still involves the 
linear-superposition approximation, and the some­
what arbitrary choice of q as the matching distance, 
it has the advantage of being normalized to unit 
charge in the atmosphere. It would be of interest 
to use this new distribution function in the electro­
phoretic integral.

We have chosen to examine the effect of the 
higher terms in the distribution function on the 
electrophoretic contribution to conductance by 
calculating the equivalent conductance for various 
salts over a range of dielectric constants and viscos­
ities using the exponential distribution function 
(2). It is not our intention to claim validity of the 
distribution function, but rather to show that the 
effects are appreciable and in such a direction that 
the true association constants are probably much 
smaller than generally has been thought.

The assumptions inherent in the model and treat­
ment used in this paper are: 1. The Debye- 
Hiickel potential function is used; 2. The treat­
ment of the relaxation effect derived by Fuoss and 
Onsager4 is used. This involves the distribution 
function (3) and drops all terms in the relaxation 
field of order cs/2 and larger; 3. The exponential 
distribution function (2) is used in deriving the 
expression for the electrophoretic effect17; 4. 
Stoke’s law for the movement of a sphere through a 
viscous medium is used in deriving the expression 
for the electrophoretic effect, although this is not 
expected to be valid at distances less than about 
7A.18 This assumption is expected to yield values

(14) J. G. Kirkwood, ibid., 2, 767 (1934).
(15) N. Bjerrum, K gl. D anske Videnskab. Selskab., M a t.-fy s .  

Medd., 7, No. 9 (1926).
(16) R. M . Fuoss and L. Onsager, Proc. Natl. Acad. Sci. U. S. 47, 

818 (1961).
(17) J. L. Dye and F. H. Spedding, J. A m . Chem, Soc., 76, 888

(1954).
(18) Reference 12. p. 118.
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of a which are too small; 5. The ions are consid­
ered to be hard, non-polarizable spheres, not sub­
ject to association effects. Breakdown of this as­
sumption would tend to yield values of d which are 
too small.

In comparing the calculations with experiment, 
two parameters, a and A0 were adjusted to mini­
mize the deviations. When fitting the data to in­
clude ion-pairing, Fuoss and co-workers6'6>19 utilize 
three adjustable parameters, A°, &, and the associa­
tion constant A. In the case of large ions, both 
methods involve in addition a hydrodynamic radius 
parameter, R.

Method of Calculation. — The calculations were 
programmed for the MISTIC digital electronic 
computer in two parts. The first was the calcula­
tion of the electrophoretic contribution to con­
ductance, AAe, using

AAe =  AX+ +  AX_ (5 )
in which
AX+ = 96,493 D k T

18 0 < W ( \Z+ \ +  \Z- I) 
\ - - Z + *P e-p -\  r
L— — J - “ p L

/ ; exp

Z + Z - \ P e - r
dp (G)

For symmetrical electrolytes, AAe =  2AX+. The 
program also can be used for unsymmetrical elec­
trolytes, in which case AX- is calculated separately. 
In equation 6, P =  Kez/DkT(1-\-x) and x =  «a. 
Integration was performed numerically with the 
aid of the Newton-Cotes quadrature formula.20 
For small values of p, the integrand is very large 
and changes very rapidly with p. In order to as­
sure proper integration of the function, the integral 
was re-evaluated with successively smaller incre­
ments until |(AX+)n+i| — |(AX+)n | <  t =  2 X 
10-3. This gives a precision to the calculation of 
AAe of ±  0.004 conductance units. Input for this 
program included DT, ?/, d, and y/c.

The equivalent conductance then was calculated 
using the expression

a  =
(A0 -  AA„)(1 + A X

X
AFX
X  )

l +  lv c
(7)

in which the relaxation field term, AX/X, the ki­
netic term, AP/X, and the Einstein viscosity term, 
5/2 Fc, are obtained from the equations of Fuoss 
and Onsager4’19 as

A X
-  =$■ =  ac'A  (1 -  A! +  A2) +  ^ c'A A a '/A 0 (8 )

A P  K2a \ b  — 1)
~Y Ï2&

— 4 7rFW
=  3 1000

(9)

(10)

The program computed A at the experimental con­
centrations for various values of A0 and d.

Results
The conventional expression for the electropho­

retic contribution to conductance obtained from the 
linear distribution function for finite-sized ions is

(19) R. M. Fuoss and F. Accascina, “ Electrolytic Conductance,” 
Interscience Publishers, Inc., New York, N. Y., 1959.

(20) K. S. JECunz, “ Numerical Analysis,”  McGraw-Hill Rook Com­
pany, Inc., New York, N. Y.. 1957. p. 145.

M r

Fig. 1.— Charge distribution in th e ionic atm osphere accord­
ing to various distribution functions.

DIELECTRIC CONSTANT

Fig. 2.— T he ratio of the com plete to the linear electro­
phoretic contribution to  conductance vs. dielectric constant 
for 1 - 1  salts in dioxan e-w ater m ixtures a t 25° for th e case 
V c  =  0.07.

( AAe)linear = (11)

That the effect of higher terms is large is illustrated 
by Fig. 2 in which the ratio of the complete to the
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linear electrophoretic contribution is plotted vs. 
dielectric constant for a particular concentration of 
solute in dioxane-water mixtures.

Calculations were performed for a number of 
salts in dioxane-water mixtures, including both 
large ions for which a viscosity correction was neces­
sary, and small ions for which R was set equal to 
zero. Data of Martel and Kraus21 on the conduct­
ance of tetraisoamylammonium nitrate in mixtures 
up to 50% dioxane were fit using an ion-size param­
eter of 4.5 A. and a hydrodynamic radius param­
eter of 7.5 A. for all mixtures. These data are 
given in Table I.22 While an approach distance of
4.5 A. seems o incompatible with a hydrodynamic 
radius of 7.5 A., molecular models (Stuart-Briegleb 
type) indicate an outer radius for the cation of about
7.3 A., and also show that a shorter anion-cation 
distance of about 3.6 A. is possible.

T a b l e  I

C o m pa r iso n  o f  C a l c u l a te d  an d  O b se r v e d  C on d uctan ces  
o f  T e t r a iso a m y la m m o n iu m  N it r a t e  in  D io x a n e - W a t e r  

M ix t u r e s  a t  25°“ U sin g  d =  4.5 A ., R  =  7.5 A .
104c A  1 0 2A A 104c A  1 0 2A A

0 % , D  =  78.54 30% , D  =  53.28
A° =  89.30 A° =  53.99

1 88.45 - 2 1 53.34 + 1
4 87.60 - 2 4 52.65 + 1

16 85.79 - 6 16 51.24 - 1
49 82.95 - 9 49 49.07 - 4

10% , D  =  70.33 50% , D  =  35.85
A° =  74.55 A0 =  42.55

1 74.12 + 2 1 41.77 0
4 00 00 1 4 40.96 + 2

16 71.69 - 4 16 39.30 + 3
49 69.09 - 1 6 49 36.94  + 3

“  D a ta  of M artel and K ra u s.21

Data of Mercier and Kraus23on the conductance
of tetra-n-butylammonium bromide in 0%  to 70% 
dioxane-water mixtures were compared with cal­
culated values. The results are given in Table II 
and show that the conductances can be fit over the 
entire range of dielectric constants using & =  5.0 
A., R =  7.0 A. Models indicate a minimum ap­
proach distance of 3.7 A. and an outer radius of
6.7 A. for the tetra-n-butylammonium ion.

Tetra-n-butylammonium iodide conductance 
data of Martel and Kraus21 also could be fit, but 
required too low an a value (3.5 A. for R =  8.0 A.).

It was desired to examine the conductance of 
small ions for which no hydrodynamic correction 
would be required. Data for sodium bromate21 
were used and the results are given in Table III for 
the “ best” & value for each solvent mixture. The 
average value of a is 3.55 A. and varies from 3.48 to 
3.65 A.

Recent data of Lind and Fuoss24 on the conduct-
(21) R. W. Martel and C. A. Kraus, Proc. Natl. Acad. Sci. U. S., 41, 

9 (1955).
(22) Values listed for A in Tables I and II were taken from large 

graphs of the data. For the other systems, calculations were per­
formed for the experimental concentrations. In all cases, AA refers to 
Aobsd. Aoal0(l..

(23) P. L. Mercier and C. A. Kraus, Proc. Natl. Acad. Sci. U. S., 41, 
1033 (1955).

(24) J. E. Lind, Jr., and R. M. Fuoss, J. Phys. Chem., 65, 999
a  961).

T a b l e  II

C o m pa riso n  o f  C alc u l a te d  an d  O b se r v e d  C o n d u c t a n c e s

O F  T e T R A - K - B U T Y L A M M O N I U M  I O D I D E  I N  D i O X A N E - W A T E R

M ix t u r e s  a t  25°“ U sin g  & =  3.7 A ., R  =  6.7 A.
10<c A  1 0 2A A  10<c A  1 0 2A A

0 % , D  =  78.54 55% , D  =  31.53
A° =  97.45 A» =  41.56

1 96 .64  + 3 1 40.71 + 2
4 95.75 0 4 39 .77  - 1

16 93.97 ■3 16 37 .98  0
49 91.30 1 49 35.60 + 1

10% , D  =  70.33 60% , D  =  27.21
A0 =  80.85 A0 =  39.75

1 80.09 1 1 38.75  0
4 79.29 -2 4 37.65 - 1

16 77.68 ■6 16 35 .54  0
49 75.40 + 5 49 32.65 - 1 7

30% , D  =  53.28 65% , D  =  23.14
A0 =  57.25 A0 =  38.30

1 56.57 0 1 37.05 - 2
4 55.88 0 4 35.69 + 5

16 54.51 1 16 33.03  - 5
49 52.50 1 49 29.70 - 4

50% , D  =  35.85 70%, D  =  19.07
A° =  43.70 A0 =  37.05

1 42.90 -2 1 35.43 0
4 42.10 0 4 33 .48  - 7

16 40.48 -2 16 29.97 0
49 38.30 -1 49 25.90 - 4

D a ta  of M ercier and K rau s. S3

T a b l e  I II

C o m pa riso n  o f  C a l c u l a te d  a n d  O b s e r v e d  C o n d u c t a n c e s  
o f  So d iu m  B ro m a t e  in  D io x a n e - W a t e r  M ix t u r e s  a t  

25°“
104c A . 103AA 104c A 103AA

0% , D  =  78.54 50% , D  =  35.85
A 0 =  105.778, â = 3.50 A" =  50.735, â = 3.48
2.60004 104.465 + 4 6 5.89543 48.555 + 9
5.20539 103.840 - 1 6 11.8047 47.566 - 1 0

10.4396 103.071 - 2 23.5952 46.228 - 2 2
20.8887 101.989 - 1 8 35.4006 45.259 - 1
41.8148 100.508 - 2 2 47.2113 44.486 + 2 5
83.6224 98.566 +  15

10%, D  -  70.33 55% , D  =  31.53
A° =  90.360, â = 3.60 A 0 =  47.825, á = 3.65

5.76328 88.525 - 5 8 5.93793 45.397 + 5 1
11.4833 87.796 + 3 3 11.8609 44.247 - 3
22.8762 86.764 + 31 23.6794 42.710 - 2 5
45.6798 85.332 - 2 35.5217 41.609 - 2 5
91.2034 83.466 - 2 47.3833 40.736 + 5

94.9003 38.329 - 5

30% , D  =  53.28
A0 =  66.290, â =  3.50

5.82789 6 4 .710 - 5
11.6 5 5 5 63.986 + 7
23.3262 62.976 - 1
46.6973 6 1.5 9 4 - 1
93.3465 69.793 0
“ D a ta  of M artel and K rau s

ance of KC1 in dioxane-water mixtures were ex­
amined and the results are given in Table IV. It is
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seen that the data through 56.69% dioxane agree 
with calculated values with a variation of a from
3.4 to 3.8 A. Above this dioxane content the 
deviations become larger, but even for 69.88% di­
oxane an ion-size parameter of 3.7 A. would leave 
only about 0.2 conductance unit at the highest con-

T a b l e  V
C o m pa r iso n  o f  C a l c u l a te d  an d  O b s e r v e d  C on d uctan ces  
o f  C e siu m  I o d id e  in  D io x a n e - W a t e r  M ix t u r e s  a t  2 5 °“

10‘c A 10'AA 10*c A 10’ AA
0%, D  =  78.54 

A° =  154.109, & =  3.49
57.1%, D  =  29.79 

A0 =  56.502, & =  4.32

T a b l e  IV
C om pa riso n  o f  C a l c u l a t e d  an d  O b se r v e d  C on d uctan ces  
o f  P o tassiu m  C h lo r id e  in  D io x a n e - W a t e r  M ix t u r e s  a t  

25°“
104c A 103AA

0%, D  =  78.54
104c A 103AA
56.69%, D  =  30.26

19.933
37.919
55.585
76.474
94.416

149.905
148.368
147.211
146.095
145.329

22.1%, D

+21 
+6 

-1 9  
-2 9  
+21

60.18

9.294 52.923 + 3
16.741 51.694 - 2
24.306 50.762 0
32.302 49.966 0
41.508 49.199 - 2

63.7%, D  =  24.44
A° =  149.898, â = 3.78 A° =  56.272, â  = 3.43 A» =  99.477, â  = 4.40 A» = 52.203, à = 4.25
19.368 145.813 +1 8.514 52.706 +  18 15.445 96.326 - 2 6.590 48.282 -1 1
40.166 144.141 +1 15.362 51.319 +2 30.294 95.158 +  1 12.368 46.719 - 6
58.689 143.060 +  1 22.559 50.207 -3 0 44.480 94.350 - 7 19.172 45.396 + 4
78.577 142.117 - 3 29.624 49.333 +10 58.272 93.741 +20 24.447 44.583 - 9
99.697 141.275 +2 36.749 48.573 0 73.736 93.115 -1 0 30.929 43.741 +  17

22.2%, D  =  60.16 61.74%, D  =  25.84 44.6%, D  =  40.57 70.7%, D  =  18.68
A° =  100.738, â = 3.82 A° =  52.082, â = 3.60 A» = 66.911, â = 4.50 A» =  47.825, à  = 4.55
14.966 97.589 + 5 6.756 48.237 +  54 9.909 64.154 0 5.492 42.482 +58
43.004 95.566 -1 5 13.239 46.430 -2 3 19.788 63.063 - 3 9.839 40.408 -5 0
56.758 94.852 + 9 19.479 45.154 -3 2 29.285 62.308 + 4 14.616 38.790 -4 7
71.619 94.237 - 1 25.964 44.086 -1 9 38.799 61.692 +2 19.379 37.549 0

32.813 43.157 +21 49.652 61.105 - 5 24.646 36.440 +38
43.65%, D  =  41.46 

A0 =  69.142, & =  3.65
69.88%, D  =  19.32 

A0 =  45.650, â  =  4.00

“ Data of Lind and Fuoss.25

11.671 66.031 0
22.430 64.815 - 8
33.716 63.890 + 2
45.892 63.079 +  10
55.446 62.524 + 2

Data of Lind and Fuoss.24

4.830 40.501 -2 0
9.455 37.981 +90

14.217 36.186 +80  
18.875 34.838 -1 0
23.476 33.770 -1 4 0

centration to be accounted for by other effects. 
It is of interest to note that the residual deviations 
are systematic but in a direction opposite to that 
which would be caused by ion-pair formation. 
Data of Lind and Fuoss26 for Csl in dioxane-water 
mixtures also were treated, and the results are 
given in Table V. Inexplicably, the calculations 
for the aqueous solution give a very low value of d 
(3.49 A ) compared to those for dioxane-water mix­
tures up to 70.7% dioxane which fit with & values 
averaging 4.4 A. and varying from 4.25 to 4.55 A. 
Even for 70.7% dioxane, with & =  4.55 A., the devia­
tions, while systematic, stay within ±0.06 con­
ductance unit. Again the deviations are not in the 
direction expected for ion-pair formation.

Data of Hawes and Kay26 on potassium chloride 
in ethanol-water mixtures were used and the results 
are given in Table VI. An ion-size parameter of 
average value 3.45 A. results in a good fit of the 
data. The variation of & with dielectric constant 
and the deviations are systematic rather than 
random.

Cesium chloride in ethanol water mixtures [data 
of Hawes.and Kay26] appears to be more associated 
than the other salts examined. The data can be 
fit only by using very low and variable values for & 
(2.5 to 3.1 A.).

(25) J. E. Lind, Jr., and R. M. Fuoss, J. Phys. Chem., 65, 14X4 
(1961).

(26) J. Hawes and R. L. Kay, Brown University, Providence, R. I., 
private communication, data to be published.

T a b l e  V I

C om parison  o f  C a lc u lated  and  O b se r v e d  C on d uctan ces  
o f  P o tassiu m  C h lo r id e  in  E th a n o l - W a t e r  M ix t u r e s  a t  

25°“
104c A 10>AA 104c A 103 AA

38%,, D  =  55.5 79%, D =  33..1
A° = 57.873, à = 3.68 A» =  44.024, â  = 3.28
13 .918 55.937 + 4 15. 643 39 .952 +6
33 .004 54.902 - 3 25 .226 38 .767 - 4
65 .339 53.780 - 3 45..546 36 .962 -1 1
98 .849 52.936 +2 67. 130 35 .578 +6

40%,, D  =  55.1 91. 853 34..344 +1
A° =  56. Il00OH

- 3.63 88%, D =  29..0
11 .465 54.952 +2 A» = 44.564, â  = 3.45
26 .392 54.047 0 13..088 39 .633 +  11
57 .379 52.850 + 5 20..203 38 .346 - 9
90 .101 51.952 - 3 28. 457 37..165 -1 9

123 .48 51.237 - 4 37. 421 36 .119 +6
60%,, D  =  43.3 45..376 35 .332 +26

A» = 46..785, â  = 3.23 54..810 34 .523 +  16

44.456
65..150 33 .753 -3 2

12 .619 +11
22 .922 43.608 - 3
48 .560 42.149 -21
70 .644 41.252 - 9

105 .032 40.170 +22
“ Data of Hawes and Kay.25

Conclusions
It is quite surprising that the extended terms of 

the electrophoretic effect are not only large, but 
can in many cases account for the conductance be­
havior usually attributed to ion-pair formation. 
Since the conductance curves are smooth, mon- 
atonic functions of concentration, a good fit of the 
data does not necessarily mean validity of the fit­
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ting function. Simply keeping higher terms in the 
electrophoretic effect admittedly does not give a 
theoretically correct result, but certainly neglecting 
these terms does not either. It would be of inter­
est to examine transference numbers in mixed sol­
vent systems since this property is independent of 
the relaxation effect.
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THE ADSORPTION OF XENON AND HYDROGEN ON EVAPORATED FILMS
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Surface areas of evaporated films of nickel and tungsten have been measured by chemisorption of hydrogen and by physical 
adsorption of xenon and krypton ; these methods give results which are in substantial agreement. Xenon adsorption has 
been used to study the sintering of tungsten and nickel films: it was found that tungsten films did not sinter at 510°K., while 
the presence of hydrogen markedly reduced the rate of sintering of nickel at 468 °K. although the ultimate areas for vacuum 
sintered and hydrogen sintered nickel films were the same and equal to about four times the apparent geometric area. A 
model is suggested to account for the effect of chemisorbed hydrogen on the rate of sintering. The effect of sintering on the 
electrical resistance of nickel films has been measured and the surface structure studied by electron-microscopic examination; 
the implications of these observations for the sintering process are discussed.

While krypton often has been used for the esti­
mation of surface areas of evaporated metal films 
by the B.E.T. method,1” 4 xenon has been largely 
neglected despite its obvious advantage that, 
with a higher heat of adsorption and low saturation 
vapor pressure, measurements will be made at lower 
equilibrium pressures and dead-space corrections 
will be smaller. This feature was of particular 
importance in the present instance since it was 
desired to assess the importance of film sintering 
under conditions similar to those used in catalytic 
experiments and a considerable dead-space was 
unavoidable. Accordingly, the adsorption of xenon 
on evaporated films of tungsten and nickel has 
been investigated together, for comparison, with 
measurements with krypton and hydrogen. The 
use of these measurements for surface area esti­
mation has been examined and the technique 
applied to a study of the sintering of nickel films. 
Structural changes in nickel films on sintering 
have been studied by electron microscopic exami­
nation.

Experimental
(i) Apparatus and Technique.— The apparatus was 

similar to that used by Beeck5 and by Kemball.6 The ad­
sorption vessel onto the inside walls of which films were de­
posited was cylindrical with internal diameter 73 mm. and 
length 100 mm. and was attached by a water-cooled ground 
glass joint with Apiezon L grease.

Throughout adsorption measurements films were pro­
tected from mercury vapor by an adjacent cold trap, liquid 
air being used for hydrogen and a Dry Ice-acetone slurry for 
xenon and krypton.

Pressures were measured using McLeod gages, one cover­
ing the range 10"6 to 4 X 10~2 mm., the other 10 "3to 4 mm.,

(1) 0 . Beeck, Advances in  Catalysis, 2, 151 (1950).
(2) R. A. Pierotti and G. D, Halsey, J. Phys. Chem., 63, 680 (1959).
(3) D. F. Klemperer and F. S. Stone, P roc. R oy. Soc. (London), 

A243, 375 (1957).
(4) M . W. Roberts, Trans. Faraday Soc., 56, 128 (1960).
(5) O. Beeck, A. Smith, and A. Wheeler, P roc. R oy. Soc. (London), 

A177, 62 (1940).
(6) C. Kemball, ibid ., A207, 539 (1951).

except for xenon on tungsten at 80°K. when the low pres­
sures necessitated the use of an ionization gage (C.V.C inc. 
type G.I.C. Oil). The latter was calibrated using xenon 
against the McLeod gage in the range 10 to 10 "3mm. Cyl­
inder hydrogen was purified by diffusion through a heated 
palladium thimble and through liquid air traps. Xenon 
and krypton were used directly from glass bulbs supplied 
by the British Oxygen Company; the only significant im­
purities were 0.5% krypton in the xenon and 0.5% xenon 
in the krypton. Doses of gas were measured in the McLeod 
gage and expanded into the reaction vessel. Equilibrium 
pressures were measured after 10 min. for xenon and 
krypton and after five min. for hydrogen except for xenon 
at 80°K., when 15 min. were required to establish equilib­
rium. Pressure readings were corrected for thermolecular 
flow using the method of Porter.7 The total dead-space 
was about 1200 cm.3. The volumes of the different parts 
of the apparatus were calibrated by sharing experiments 
using the McLeod bulb as a standard volume. Low tem­
peratures were measured using an oxygen vapor pressure 
thermometer.

(ii) Film Preparation.— Films were prepared by direct 
evaporation from hair-pin filaments situated on the axis of 
the adsorption vessel. Nickel wire, diameter 0.5 mm., was 
Johnson and Matthey spectroscopically standardized, with 
the following metallic impurities in parts per million: Fe, 
5; Si, 3; Ca, 2; Cu, 1; Mn -f- Mg -p Na -f- Li <C 1. Tung­
sten wire (diameter 0.2 mm.) was Johnson and Matthey pure 
grade. Tungsten filaments were held in small molyb­
denum spring clips. Tungsten films were deposited at 
273°K. after the adsorption vessel had been baked at 720°K. 
under vacuum for 15 hr., during the last hour of which the 
filament was outgassed at 5.2 amp. The rate of evapora­
tion was about 20 mg. hr."1 at 6.3 amp. Only one film was 
obtained from each tungsten filament and a clean adsorp­
tion vessel was used for each film. Nickel films were de­
posited at 273°K. at 6.2 amp. at rates in the range 15-45 
mg. hr."1 after the adsorption vessel had been baked at 
720°K. for 15 hr., during the whole of which time the fila­
ment was outgassed at 4.1 amp. Before use, nickel filaments 
were purified by the evaporation of one film and for this two 
alternative techniques were used: technique A— a film was 
deposited at the usual rate after baking at 720°K. either (i) 
for 2 hr. and outgassing at 4.7 amp. for 0.5 hr. or (ii) for 
15 hr. and outgassing at 4.1 amp. for 15 hr. (in neither (i) 
nor (ii) did appreciable evaporation occur); technique B—  
during a 15-hr. baking period the filament was heated at 4.7 
amp., during which time a film of about 10 mg. deposited.

(7) A. S. Porter, D iscussions Faraday Soc., 8, 358 (1950).
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In each case the preliminary film was discarded and a clean 
reaction vessel used for each subsequent film.

The pressure in the reaction vessel at the completion of 
baking and outgassing of a filament prepared by technique 
B was within the range 2 to 5 X  1 0 mm. ,  as measured by 
the ionization gage attached at the head of the vessel, and 
remained unchanged when the filament was raised to 
evaporation temperature.

Results
(i) Adsorption on Tungsten Films.— Adsorption 

of hydrogen was measured on films in the range
12-14 mg. at 90°K. (films W l, W2) and at 273°K. 
(films W2, W3, W5). With film W2 the isotherm 
first was measured at 273°K. and then continued at 
90°K. Data are summarized in Table I and a 
typical isotherm is contained in Fig. 1. At 273 °K. 
hydrogen adsorption isotherms were sensibly 
horizontal at pressures in the region of ICE3 mm. 
Adsorption of xenon was studied at 90°K. on bare 
tungsten (W4) and on films (W l, W2, W3) onto 
which hydrogen had been preadsorbed up to an 
equilibrium pressure of about 10 ~3 mm., followed 
by pumping at 293°Iv. to <  10~6 mm. Films 
thus pretreated subsequently are referred to as 
“ hydrogen covered.”  Xenon adsorption also was 
studied on films W l, W2, W3 after subsequent 
heating in 15 mm. of hydrogen for 16.5 hr. at 510°K. 
followed by pumping at 293°K. to better than 10-6 
mm. An estimate of the ease of reversibility of 
xenon adsorption was made by repeating the xenon 
adsorption on films W3 and W4 after pumping 
at 293°K. for 2 hr., after which the pressure above 
the isolated specimen did not rise above 5 X 10~6 
mm. in 0.5 hr. A typical xenon adsorption iso­
therm on “ hydrogen covered”  tungsten is shown 
in Fig. 2 together with these results plotted accord­
ing to the B.E.T. equation.8 Similar results for 
xenon on bare tungsten at 80°K. are shown in 
Fig. 2 and isotherms of xenon on bare and “ hy­
drogen covered” tungsten at 90°K. are compared 
in Fig. 3.

T a b l e  I

Plate 1.— Electron micrograph of nickel films; for details 
see text.

Plate 2.— Electron micrograph of nickel films; for details 
see text.

A d s o r p t io n  o f  H y d r o g e n  o n  T u n g s t e n  F i l m s

IVH!
no. of hydrogen 

molecules
Film

Weight,
mg. T, °K.

adsorbed 
X IO '180

Film area,& 
cm.2

W l 12.0 90 3.27
W2 14.0 (273 2.95 4850

1 90 3.70
W3 12.6 273 2.27 3740
W5 13.8 273 2.67 4400

“ At 1 X 10 3 mm. 6 Assuming 
atoms at 273°K. and 1 X 10~3mm.

a monolayer of hydrogei 
andnumber of sites 1.21

X 1016 cm.-2.

(ii) Adsorption on Nickel Films.—Film weights 
were in the range 6 to 40 mg. In series ON films 
were prepared by a technique essentially similar to 
that used by Kemball6: that is, a virgin filament 
was purified by technique A (c/. Experimental). 
Films ONI, ON2, ON3 and films ON4, ON5 were, 
within each set, prepared consecutively by evapora­
tion from one filament and on each of these films 
the adsorption of hydrogen at 90 °K. followed by 
the adsorption of xenon at 90°K. was measured.

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

The filament was exposed to the air between each 
experiment, while the adsorption vessel was 
changed, but was subjected to the out-gassing 
procedure described previously before each sub­
sequent film deposition Between the hydrogen 
adsorption and xenon adsorption the vessel was 
pumped to <  10 ~6 mm. at 273 °Iv. Films thus

T a b l e  I I

A d s o r p t io n  o f  X e n o n  o n  T u n g s t e n  F i l m s  a t  90°K. 
Films W l, W2, W3 hydrogen covered; film W4 bare 

tur gsten

Film

,--------- Film

A*m (mole 
X 10-'«) c

deposit

Film
area,“
cm.2

;et. at 273°

2° Nm 
after 

pumping, 
mole 

X 10“ 18

K.--------- ■
% of 

surface 
cleaned 

by
pump­
ing at 

293° K. 
for 2 hr.

r llm
deposited 
at 273°K. 
and then 
heated in 
hydrogen&

Film
iVni (mole area, 
X 10 ~18) cm.2

W l 1.41 3240 1.45 3330
W2 1.88 4320 1.68 3860
W3 1 63 3750 0.917 56
W4 1.87 4300 0.382 20
(14.5 mg.)

n Assuming Xe area 23.0 A.2 [cf. Discussion], 
in 15 mm. of hydrogen for 16.5 hr. at 510°K. 
layer adsorption, obtained from B. E. T. plots.

6 Heated 
c Mono-
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T a b l e  I I I

C o m p a r a t iv e  Ab s o r p t io n  o p  X e n o n , H y d r o g e n , a n d  K ryp to n  on N ic k e l  F ilm s
Hydrogen adsorption

at 90° K. Xenon adsorption Krypton adsorption

Weight, JVh2 at 1 X 10 ~3
Film
area,

Arm
(mole X 10 ~18)

Film 
area, 

cm.2 6
Nm

Film
area,

Film mg. mm. (mole X 10 ~18) cm.2 ° at 90°K. (mole X 10 ~18) cm.2c
ONI 11.4 0.157 204 0.392 765
ON2 9.7 0.230 300 .349 680
ON3 20.1 1.01 1310 .676 1320
ON4 12.2 0.684 890 .756 1475
ON5 14.9 0.940 1220 .782 1525
NN1 14.0 1.02 1330 .671 1310
NN2 11.0 0.893 1160 .521 1020
NN9 39.3 0.951 (80°K.) 1860 1.063 (77°K.) 1900

° Assuming a monolayer of hydrogen atoms at 90°K. and 1 X 10 _3 mm. and number of sites 1.54 X 1016 cm.-2. 6 Assum­
ing Xe area 19.5 A.2 [c f. Discussion]. 0 Assuming Kr area 17.9 A.2 [c f . Discussion].

Plate 3.-—Electron micrograph of nickel films; for details 
see text.

Fig. 1.— Adsorption of hydrogen: « , on nickel (film NN2) 
90°K.; O, on tungsten (film W2) 273°K.

pretreated are subsequently referred to as “ hydro­
gen covered.”

Results for these films (Table III) show that the 
ratio Axe/A-H of surface area by xenon adsorption 
(Axe) to that by hydrogen adsorption (Ah) had 
values ONI 3.75; ON2 2.27; ON3 1.02; and ON4 
1.66; ON5 1.25. The fall in this ratio with con­
secutive evaporation from a given filament clearly 
showed that this filament purification technique 
was inadequate and therefore in series NN filaments

were purified by technique B. Adsorption measure­
ments similar to those on films ON1-ON5 were 
made on films NN1 and NN2 for which A xe/A h 
was 1.01 and 0.90, respectively (cf. Table III), 
thus showing the efficacy of the modified filament 
purification technique. A typical hydrogen ad­
sorption isotherm at 90°K. is included in Fig. 1. 
At 90°K. hydrogen adsorption isotherms on nickel 
were substantially horizontal at pressures above 
10~4 mm. A typical isotherm and the correspond­
ing B.E.T. plot for the adsorption of xenon at 90°K. 
is included in Fig. 2. Isotherm data from a number 
of experiments for xenon adsorption at 90°K. on 
bare nickel and on “ hydrogen-covered”  nickel are 
collected into Fig. 4, for which values of Nm were 
obtained from B.E.T. plots on the individual iso­
therms. Data for xenon adsorption at 80 °K. 
on bare nickel (NN4) and on “ hydrogen-covered”  
nickel (NN9) also are collected in Fig. 4 for measure­
ments in the range 0 <  p/p0 <  0.04. The values 
of p 0, the saturation vapor pressure of xenon, were 
measured by the McLeod gage and, after correction 
for thermomolecular flow, were 6.3 X  10~2 mm. 
at 90°K. and 4.6 X  10-3 mm. at 80°K., in both 
cases in equilibrium with solid xenon.

An estimate of the ease of reversibility of xenon 
adsorption on nickel films was made with films 
NN2, NN3, NN4 using the same method as de­
scribed for tungsten films. On “ hydrogen-covered” 
nickel (NN2) and on bare nickel (NN3, NN4) 
the fraction of surface cleaned by pumping was 
about 90%.

The adsorption of krypton on nickel was studied 
at 77 °K. Since p0 for krypton, measured as for 
xenon, was found to be 1.75 mm. at 77°K. (in 
agreement with Kington and Holmes9) dead 
space corrections limited measurements to p / p 0 <  
0.009. Typical data are shown in Fig. 5 and com­
parative surface areas obtained from B.E.T. plots 
are listed in Table III. Since repeated krypton 
isotherms showed that adsorbed krypton could be 
completely removed by the pumping procedures 
previously described, the krypton isotherm was 
taken before xenon.

(iii) Xenon Isotherms on Nickel at Higher 
Pressures.— Isotherms for the adsorption of xenon 
on nickel at 90 and 80°K. taken to the maximum 
value of p/p0 consistent with accurate dead-space

(9) G. L. Kington and J. M. Holmes, T ra n s . F a ra d a y  S o c .t 49, 417
(1953).
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corrections are collected into Fig. 6 for which values 
of Nm were obtained from B.E.T. plots of the 
individual isotherms in the low pressure region, 
p/po <  0.04. Figure 6 also includes B.E.T.-type 
plots. The full line in the figure is an extrapolation 
of that which fits the data for both temperatures 
in the region p/p0 <  0.04: this line also approxi­
mately fits the data for 90°K. in the range 0.04 <  
p/po <  0.21. The data for 80°K. fit a B.E.T.- 
type plot in the range 0.04 <  p/p0 <  0.33, but this 
is not colinear with that from the same isotherm 
in the region p/p0 <  0.04.

(iv) Sintering of Nickel Films.— The rate of 
sintering of nickel films was studied at 468°K. (a) 
in the presence of 15 mm. of hydrogen and (b) in 
vacuo, for periods in the range 20 min. to 17 hr. 
The results are contained in Fig. 7. Each point 
on the graph represents a separate experiment with 
a fresh film and surface areas were measured by 
xenon adsorption at 90 °K. Initial areas were in 
the region of 1300 cm.2 for all specimens.

To obtain information about the nature of the 
sintering process, particularly with lighter films, 
electrical resistances of films were measured during 
vacuum sintering at 703°K. and an electron micro­
scopic examination was made of film surfaces before 
and after sintering. Resistance measurements 
were made between Pt-foil contacts, using a shunted 
Wheatstone bridge. Data are recorded in Table
IV.

T a b l e  IV
R e s ist a n c e  C h a n g e s  on  S in t e r in g  o f  N ic k e l  F ilm s

3.8 mg. 1.0 mg. 
film film

Resistance (R i )  before sintering (ohms) 6.1 82
Resistance (R i )  after heating in  vacuo

for 1 hr. at 703°K. (ohms) 4.9 72
100 (R i  -  R i)/ R i 24.5 13.!'

Both films showed the normal positive tempera­
ture coefficient of resistance characteristic of metal­
lic nickel. Specimens for electron microscope 
examination were obtained by smashing the glass 
vessels onto the inside walls of which films had been 
deposited. The insertion of glass, specimen slides 
into the vessel was rejected because of the impos­
sibility of temperature control during evaporation. 
Specimens were shadowed by carbon-platinum 
evaporation (20° incident angle) and replicas 
recovered by solution of the nickel in hydrochloric 
acid. Plates 1-3 show, respectively: (1) 8.6 mg. 
Ni film deposited at 273°K. and warmed only 
to 293°K.; (2) 3.4 mg. Ni film deposited at 
273°K. and heated to 703°K. for 1 hr. in vacuo, 
specimen taken from the densest part of the film;
(3) same as 2, but specimen taken from near the 
edge of the film. As judged by visual comparison 
of the transparencies, the thickness of specimen 3 
was roughly the same as that of a 0.5-1 mg. film.

Discussion
(i) Adsorption Measurements.— The data in 

Table I show that on tungsten films at about 10-3 
mm. the ratio of hydrogen adsorbed at 90°K. to that 
adsorbed at 723°K. is 1.28, in substantial agreement 
with Trapnell,10 who found a corresponding ratio

(10) B. M. W. Trapnell, Proc. R o y . Soc. (London), A206, 39 (1951).

o
Fig. 2.— Adsorption of xenon: A, on bare tungsten (W8 

13.1 mg.) 80°K.; O, on hydrogen covered tungsten (W3) 
90°K.; □, on hydrogen covered nickel (ON3 11.4 mg.)
90°K. B.E.T. plots are shewn by corresponding closed 
symbols.

Fig. 3.— Adsorption of xenon at 90°K.: bare tungsten: 
O, (W6 20.0 mg.) and •  (W8 13.1 mg.); hydrogen covered 
tungsten A (W3) and ▲ (W6)

Fig. 4.—Adsorption of xenon on nickel and hydrogen cov­
ered nickel: •, (NN4 19.6 mg.) nickel at 80°K.; A, (NN3 
7.3 mg.) and ▲, (NN6 9.4) niikel at 90°K.; (NN9 39.3 
mg.) hydrogen covered nickel at 80°K.; O, (NN2 11.0 mg.), 
□, (ON3 11.4 mg.), x , (ON2 9.7 mg.), and 0, (ON5 14.9 
mg.) hydrogen covered nickel at 90°K.
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Fig. 5.— Adsorption of krypton on nickel at 77°K. (Film 
NN5 6.4 mg.).

Fig. 6.— Adsorption of xenon on nickel at higher pressures: 
80 °K. V (NN4); 90°K. O (NN3), X (NN7), □ (NN8 7.3 
mg.). Corresponding B.E.T. plot shown by closed symbols. 
(For significance of the line see text.)

Fig. 7.— Sintering of nickel films at 468°K.: O, in the pres­
ence of hydrogen; •, in  vacuo.

of 1.21. Mignolet11 has suggested that hydrogen 
may be adsorbed as molecules but the recent flash- 
filament experiments of Eisinger12 and Hickmott13 
have shown that the molecular form exists only at 
low temperatures: isotherms measured by Hick-

(11) J. C. P. Mignolet, “ Chemisorption,”  Ed. Garner, Butterworths, 
London, 1956, p. 169.

(12) J. Eisinger, J. Chem. Phys., 29, 1154 (1958).
(13) T. W. Hickmott, ibid., 32, 810 (1960).

mott13 indicate that a monolayer of adsorbed 
hydrogen atoms exists at 273°K. and about 10“ 4 
mm. Accordingly, we have adopted, as a criterion 
of monolayer coverage by hydrogen atoms on 
tungsten, adsorption at 273 °K. to a pressure in 
the range 2 X  10-4 — 10-3 nun., where the iso­
therm is substantially horizontal. In calculating 
surface areas it has been assumed that there are, 
on the average, 1.215 X 1016 sites cm.-2, a figure 
calculated on the assumption that the film ex­
poses the (100) and (110) planes since this was 
shown by Johnson14 to be true for tungsten fila­
ments and, in the absence of more conclusive evi­
dence, has been taken to apply to films.

On nickel films at 90°K. hydrogen adsorption 
isotherms were substantially flat in the region 10-4 -  
10-3 mm. and this again has been taken as the 
criterion of monolayer coverage by hydrogen 
atoms. In calculating surface areas it has been 
assumed that there are, on the average, 1.54 X 
1015 sites cm.-2, a figure calculated on the assump­
tion that the (100), (110) and (111) planes are 
equally exposed. The difficulty experienced in 
outgassing nickel filaments so that evaporated 
films were clean to chemisorption lends emphasis 
to the recent remarks of Hume-Rothery16 that, 
although the metallic impurity limits usually 
quoted for spectroscopically standardized metals 
may indicate a high degree of purity, in fact gaseous 
impurity may be considerable. Indeed, analysis 
of the present grade of virgin nickel wire for dis­
solved non-metals16 gave the following result: O2, 
0.48% (w./w.), H2, 0.013%; N2, 0.004%; C, 0.02%; 
S, 0.001% —  a situation which was not suspected 
when the investigation was commenced! For com­
parison, this wire after purification technique B 
(followed by standing in air at room temperature for 
some weeks) gave the analytical results17: 0 2,
0.0025% (w ./w .); N2, 0.002%; H2, 0.0002%. It 
is clear that such nickel filaments cannot be satis­
factorily purified in a reasonable period by heating 
to any temperature below the evaporation temper­
ature, and that outgassing procedures previously 
recommended may not be adequate.

On both tungsten and nickel xenon adsorption 
isotherms at 90°K. showed a comparatively sharp 
“ knee” in the very low pressure region of p /p 0~  
0.005. The isotherms accurately obeyed B.E.T. 
plots in the range generally investigated, p /p 0<  
0.04 (c/. Fig. 2). The reproducibility is shown 
by the substantial concordance achieved between 
a number of separate experiments collected into 
Fig. 3,4, and 6.

In the adsorption of carbon dioxide at 195°K.8 
and of krypton at 77°K.,18.19 values of p0 extrapo­
lated for the supercooled liquid have been used in 
calculating areas by the B.E.T. method. How­
ever, present measurements with xenon were so 
far below its melting point (m.p. 161 °K.) that we 
have preferred to use p0 for solid xenon. We have

(14) R. P. Johnson, Phys. Rev., 54, 459 (1938).
(15) W. Hume-Rothery, Nature, 184, 1794 (1959).
(16) By courtesy of Johnson and Matthey Ltd.
(17) By courtesy of Defence Standards Laboratory, Melbourne.
(18) R. A. Beebe, J. B. Beckwith and J. M. Honig, J. Am. Chem. 

Soc., 67, 1554 (1945).
(19) R. T. Davis, T. W. DeWitt, and P. H. Eminett, J. Phys. & 

Colloid Chem., 51, 1232 (1947).
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similarly used p0 for solid krypton (m.p. 116°K.), 
following the usage of some (but not all) recent 
workers.2’4'9 In the present low pressure range 
the use of the alternative values for pQ alters the 
calculated surface areas by less than 5%.

Effective areas per adsorbed xenon atom have 
been adduced from the following considerations. 
On some non-metallic adsorbents areas for adsorbed 
krypton18 and xenon19 have been obtained by com­
parative B.E.T. measurements using nitrogen as a 
standard: it was established that the effective 
rare gas areas were in excess of the values which 
would correspond to close-packed monolayers. 
It therefore was pointed out18 that the effective 
krypton area may be dependent on the arrange­
ment of adsorption sites in the surface. For 
instance, the effective areas on anatase were 19.5 
A.2 for krypton18 and 27.4 A.2 for xenon20 compared 
to expected (solid) close-packed areas of 14.0 and
16.5 A.2, respectively. To examine more specifi­
cally the case of xenon where the effect is greatest, 
it may be noted that in anatase the dense (001) 
plane probably is predominately exposed at the 
surface, particularly since this is a natural cleavage 
plane: the oxide ions of the (001) plane do not, 
in fact, lie exactly in the plane since half lie slightly 
above and half are depressed slightly below. 
Examination of a model suggests that the most 
likely site for adsorption of a xenon atom is im­
mediately above a “ depressed”  oxide ion and in 
contact, or near contact, with two titanium ions 
and with four oxide ions which lie above the plane. 
Due to the size of xenon, adjacent sites cannot be 
occupied and the adsorbed xenon atoms form an 
array with coordinates (ha, ka, 0), h +  k even; 
where h and k are integers and a is the lattice 
constant of anatase. On this basis the effectiveo
area per adsorbed xenon is 28.3 A.2, calculated 
using a =  3.77 A., a value obtained from an X-ray 
examination of the original sample.21 However, 
as shown by Beeck22 for nickel and iron, compara­
tive B.E.T. measurements using nitrogen are 
invalid for metal surfaces which chemisorb nitro­
gen. Therefore, in the absence of such compara­
tive data we adopt the model that the xenon 
“ monolayer”  measured for the low pressure iso­
therms in the region p/po <  0.04 (cf. Fig. 2 and 3) 
consists of xenon atoms which are adsorbed at 
crystallographic surface sites. We shall refer to 
this as a “ lattice-packed”  monolayer. That such 
a model is not unreasonable is further suggested 
by the data of Ehrlich and Hudda,23 who have 
shown that the activation energy for surface 
migration of xenon on a sparsely covered tungsten 
surface is ~ 3  kcal. mole-1, which is large compared 
to RT  at 90°K. (0.18 kcal. mole“ 1). Such a high 
value for the energy difference between a crystal­
lographic adsorption site and a position on the 
surface between such sites suggests that crystal­
lographic adsorption sites will be preferred. Using 
the diameters of xenon and krypton calculated

(20) J. H. Singleton and G. D. Halsey, J. Phys. Chem., 58, 330 
(1954).

(21) W . D. Harkins and G. Jura, J. Am. Chem. Soc., 66, 919 (1944).
(22) O. Beeck, Discussions Faraday Soc., 8 , 159 (1950).
(23) G. Ehrlich and F. G. Hudda, J. Chem. Phys., 30, 493 (1959).

Fig. 9.—Xenon and kryptcn adsorbed on nickel. (Xe 
shaded, Kr broken circle.)

from the lattice constants of the solids, 4.36 and
3.94 A., respectively (cf. Moelwyn-Hughes24), 
lattice-packing is shown to scale in Fig. 8 for 
tungsten and Fig. 9 for nickel. On this basis the 
average effective area occupied by a xenon atom is 
23.0 and 19.5 A.2 on polycrystalline tungsten and 
nickel films, respectively, while foro krypton on 
nickel the corresponding figure is 17.9 A.2.

B.E.T. plots of xenon adsorption data in the 
region p/p0 <  0.04 show that a monolayer, which 
we assume to be lattice-packed, is reached at p/p0 ~  
0.02 on tungsten and ~  0.03 on nickel. As shown 
in Fig. 6, the extension of the xenon isotherm on 
nickel at 80°K. into the region 0.04 <  p/po <  0.33 
leads to a B.E.T. plot fcr this region with a slope

(24) E. A. Moelwyn-Hughes, “Physical Chemistry,” Pergamon
Press, London, 1957, p. 25.
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different from that from the same isotherm in 
the range p/pa <  0.04. The ratio of the low pres­
sure B.E.T. slope to the high pressure B.E.T. 
slope is 0.78, while if it were assumed that in the 
high pressure region the adsorbed xenon atoms 
could close-pack the expected ratio is 0.85. We 
therefore suggest that at 80 °K. on nickel a type 
of phase transition occurs in the vicinity of p/pa ^  
0.05 in which further adsorption into a lattice- 
packed monolayer leads to approximate close 
packing.

Because of the much higher absolute pressures 
involved, krypton measurements could not be 
made with high accuracy above p / p o  — 0.005. 
Nevertheless it is clear from Fig. 5 that at 77°K. 
on nickel the “ knee” of the isotherm is well defined 
in the region p / p o  ~  0.002 -  0.003 and a mono- 
layer, which we assume to be lattice-packed, is 
approached at p / p n  0.01. Very similar behavior 
has been found by Roberts4 in the adsorption of 
krypton on iron films at 77 °K.

The present agreement between film areas meas­
ured by hydrogen and by rare-gas adsorption is 
contrary to the conclusion reached by Klemperer 
and Stone3 that on nickel films the area available 
for krypton adsorption at 77°K. is 2.5 times that 
for hydrogen adsorption. It should be noted, 
however, that Klemperer and Stone’s B.E.T. areas 
were obtained under rather different conditions 
to the present work in that they (a) measured 
krypton isotherms over a higher pressure range, 
p / p o  >  0.01 (taking as pa 1.75 mm.), (b) used for 
p0 in the B.E.T. plots an extrapolated value for 
liquid krypton (about 4.3 mm.) instead of p0 for 
solid krypton as adopted in the present work, and 
(c) used 20 A.2 for the effective area of adsorbed 
krypton.

In the preparation of “ hydrogen covered” 
films both for tungsten and nickel, the pumping 
procedure undoubtedly removes some hydrogen 
from the surface. However, from the hydrogen 
adsorption isotherms this would not amount to 
more than about 10% when pumped to an equi­
librium pressure of 10-6 mm. It is apparent from 
Fig. 3 and 4 that on both nickel and tungsten the 
heat of adsorption of xenon on a “ hydrogen 
covered” surface is lower than on a bare surface: 
if we define

A(A/7) =  A//bare At/H cov
it is easily shown that, provided the entropy of 
adsorption depends on N/Nm only

A(AjH ) =  2 .3 0 3 R T  log Pbare/t>Hcov

when the ratio of xenon equilibrium pressures 
iWe/PHcov is taken at constant coverage and con­
stant temperature T. With nickel at coverages 
0.7, 0.8 and 0.9 the values of A(AH xe) are —300,
— 150 and —80 cal. mole-1, respectively, while 
with tungsten the corresponding values are —150,
— 70 and —90 cal. mole-1. A similar analysis 
of a pair of krypton isotherms on nickel gave 
values of A(AffKr) of —170 and —70 cal. mole-1 
at coverages of 0.3 and 0.5, respectively.

In Table V are listed for various systems values 
of the B.E.T. parameter C obtained by fitting 
calculated and experimental isotherms in the region

0.4 <  N/Nm <  0.9. Using the expression for C 
from B.E.T. theory (c/. Cassie26)

C  =  ja/jc exp [(A // -  A H ,) R T ]

where j a is the partition function for the internal 
degrees of freedom of the adsorbed molecule and 
j B is the partition function of the molecule in the 
condensed phase, together with the values for 
AHc, the heat of condensation of the adsorbate, 
of —3.30 and —2.68 kcal. mole-1 for xenon and 
krypton, respectively,26 values of AHi, the (aver­
age) heat of adsorption in the first layer, were 
obtained and are recorded in Table V. It was as­
sumed that j B/jc =  2 for immobile adsorption (c/. 
Hill27).

T a b l e  V
D a t a  fro m  B.E.T. A n a ly sis

System, °K . AHi (kcal, mole*"1)
Xe/N i7 90 2300 -4 .5 6
Xe/Ni, H290“ 1000 -4 .4 1
Xe/W , 90 4000 -4 .6 6
Xe/W , H2 90a 2500 -4 .5 7
Kr/Ni, 77 2300 -3 .7 6
Kr/Ni, H2 77° 1000 -3 .6 3

“ Hydrogen-covered surfaces.

In view of the assumptions involved, the data 
in Table V are mainly significant in a relative sense: 
taken with the values obtained above for A (AH) 
it seems clear that the heat of adsorption of xenon 
on hydrogen-covered nickel and tungsten is lower 
than on the bare metal by ~  300 and ~150 cal. 
mole-1, respectively, at N/Nm ~  0.7, and for 
krypton on nickel at N/N ~  0.5 the correspond­
ing figure is ~  100 cal. mole-1. The comparatively 
small magnitude of these differences in AH  pre­
sumably means that there can be no major change 
in the rare gas-metal distance, thus supporting 
the idea that the chemisorbed hydrogens are ef­
fectively buried in the surface.

(ii) Sintering of Films.— Tungsten film areas 
measured after heating in hydrogen at 510°K. 
(cf. Table II) show that no significant sintering has 
occurred, in agreement with Pierotti and Halsey,2 
who found that tungsten films did not sinter on 
heating to 720°K. in vacuo. However, using hy­
drogen chemisorption for area measurement, Camp­
bell, Moss, and Kemball28 have reported an area 
reduction of 31% for tungsten films heated to 573°
K. for 10 min. in vacuo. We emphasize however 
that, in general, chemisorption is unsuitable for 
measuring the extent of high temperature sintering 
because of the difficulty of avoiding film contami­
nation by gas evolved from the heated glass.29

From the results in Fig. 7 it is clear that the 
presence of chemisorbed hydrogen markedly re­
duces the rate of sintering of nickel films. This 
conclusion also has been inferred indirectly from 
the internal self-consistency of kinetic data from 
catalytic experiments using nickel films.30 The

(25) A. B. D. Cassie, Trans. Faraday Soc., 41, 450 (1945).
(26) Evaluated from vapor pressure data in Landolt-Bornstein.
(27) T. L. Hill, J. Chem. Phys., 16, 181 (1948).
(28) J. S. Campbell, R. L. Moss, and C. Kemball, Trans. Faraday 

Soc., 56, 1481 (1960).
(29) J. R. Anderson, to be published.
(30) C. Kemball, Proa. R oy. Soc. (London), A214, 413 (1952).
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results of Roberts4 show that iron films behave 
in a similar manner.

It seems reasonable to propose that chemisorbed 
hydrogen acts in this way by reducing the surface 
mobility of nickel and iron atoms: this is readily 
understood if a hydrogen atom is held at the surface 
not by a single bond from an individual surface 
metal atom but by a multicentered orbital involving 
those metal atoms which are nearest neighbors to 
the hydrogen, a suggestion previously made by 
Takaishi.31 This would effectively link together 
surface metal atoms by bonds which are not formed 
in the absence of such a chemisorbed atom. We 
tentatively suggest that the metal orbitals used in 
this way are the same as those proposed by Alt- 
mann, Coulson and Hume-Rothery32 to be the 
major bonding orbitals directed between nearest 
neighbors and determining the structure of the 
metallic crystal; that is, p3d3 hybrids for face- 
centered cubic nickel and sd3 +  d3 hybrids for body- 
centered cubic tungsten and iron: we suggest that 
at the surface the residual parts of these orbitals 
project into space and a multi-centered orbital is 
formed by overlap with the hydrogen Is orbital.

A consequence of this proposal is that on the 
(100) face of a body-centered cubic metal such as 
tungsten there is also the possibility of bonding 
between the hydrogen atom and a tungsten atom 
in the layer immediately below the surface layer, 
since this atom is only b/-y/g below the surface layer 
(where b is the nearest neighbor distance). For 
this we suggest the use of a tungsten d3 hybrid 
orbital32; this orbital would be normal to the 
surface. A hydrogen atom in such a site is thus 
bonded with five tungsten atoms, which is more than 
reasonably can be expected at any other surface 
site: we believe that this would be a major con­
tributing factor to the variation in binding energy 
found by Hickmott13 for hydrogen atoms chemi­
sorbed on a polycrystalline tungsten filament.

The ultimate area from sintering at 468 °K.— 
about 600 cm.2— is independent of the presence or 
absence of hydrogen and is about four times the 
apparent geometric film area.

Nickel films with weights as low as 1 mg. showed 
the normal temperature coefficient of resistance 
of nickel, thus showing that one of the alternative

(31) T. Takaishi, Z. physik. Chem. (Frankfurt), 14, 164 (1958).
(32) S. L. Altmann, C. A. Coulson, and W. Hume-Rothery, Proc. 

R o y . S o c . (London), A240, 145 (1957).
(33) S. R. Logan and C. Kemball, Trans. Faraday Soc., 56, 144 

(1960)

suggestions of Logan anc Kemball33 that such light 
films consist of discrete non-touching crystallites 
cannot be correct; furthermore, the absolute 
value of the measured resistance is much too small 
to agree with such a suggestion, unless the gaps 
are so small that easy electron tunnelling occurs. 
The relative resistance change on sintering a 1 mg. 
film was much smaller than that for a film of weight
3.8 mg. (cf. Table IV), indicating that the lighter 
film had sintered relatively less extensively. This 
is in agreement with the electron-microscopic 
evidence in plates 1-3, which show that very light 
nickel films retain after sintering a rough surface 
with asperities about 200 A. across, whereas heavy 
films sinter to yield a surface which, at this resolu­
tion, shows no marked deviation from flatness. 
This is in agreement with the conclusion which 
Logan and Kemball inferred from catalytic kinetic 
data with nickel films if varying weight. It is 
clear that under the present conditions nickel 
films are continuous at least down to 1 mg.

Heavy films deposited in a cylindrical vessel 
always will possess a very thin region; on this 
basis alone one thus would not expect the actual 
area of a sintered nickel film to equal the geometric 
area. However, the contribution of the rough 
very thin region cannot nearly account for the over­
all factor of four found. On the assumption that 
the asperities are dose-packed hemispheres 
and that the very thin region occupies 20% of the 
apparent geometric area, the calculated ratio 
is only about 1.2. There seem three possible 
explanations: (a) fissures (perhaps at grain bound­
aries) which are beyond the present electron- 
microscopic resolution, run from the surface into 
the metal and so the differed film retains some 
internal surface; (b) the sintered surface retains 
some roughness on an atomic scale due to terraces 
and steps; (c) “ adsorbed” atoms penetrate ex­
tensively into the lattice. The latter seems most 
improbable in view of the large size of the xenon 
atom and the agreement between areas measured 
by xenon and hydrogen adsorption. Extensive 
solution of hydrogen at higher temperatures is of 
course well known.
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The rhodium-chlorine system has been studied over the temperature range 700 to 1500° and over the chlorine-pressure 
range 0.01 to 1.0 atm. Results show that solid RhCh is the only stable condensed chloride under the conditions studied. 
The dissociation pressure of the chloride reaches 1 atm. at 970°. Chlorine-pressure-dependence data indicate that RhCL 
and RhCls are the important gaseous species. At 1504° and 1 atm. chlorine pressure, pjthch = 6.5 X 10-s atm. and pRhcn =  
15 X 10~3 atm. Below 970°, where RhCl3(s) is the condensed phase, the vapor pressures fall off rapidly with decreasing 
temperature, and at 802°, pRhCh =  4 X 10-7 atm. and pithcn =  1.7 X 10-6 atm.
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Introduction
The rhodium-chlorine system has been studied 

in the temperature range 700 to 1500° and the 
chlorine-pressure range 0.01 to 1.0 atm. This 
work was undertaken to identify condensed phases 
and vapor species, obtain dissociation pressure 
and vapor pressure data, and calculate thermo­
dynamic values for the various reactions and 
species involved.

In previous investigations of the rhodium- 
chlorine system at high temperature, Wohler and 
Muller2 measured dissociation pressures and studied 
condensed chloride phases, and Puche3 measured 
dissociation pressures.

Experimental
Dissociation Pressure Studies.—Dissociation pressures 

were measured by both the static and the transpiration 
methods as described in detail in a previous paper.4 In the 
transpiration method, gas flow rates were around 2 ml. 
STP/min., which is in the range where measured pressures 
were found to be independent of flow rate.

Vapor Pressure Studies.—Vapor pressures were deter­
mined by the transpiration method. Except for the use of 
a radioactive-tracer method of analysis, techniques were 
essentially the same as those used in previous work.5 Mul- 
lite reaction tubes were used. Chlorine served as the car­
rier gas and was collected in KI solution and determined 
volumetrically. The vapor was collected in a condensing 
region at the edge of the furnace.

Slight chlorine corrosion of the mullite occurred at the 
highest temperatures used. At 1500°, the mullite radiation 
shield (which weighed about 2.5 g.) lost about 10 mg. during 
an experiment, whereas at 1000° the loss in weight was 
negligible.

Flow rates ranged from 0.01 to 0.1 mmole CU/min., 
depending on temperature and pressure conditions. The 
results of flow-rate studies given in Table I show that these 
flow rates were in the range where the mole ratio (moles 
Rh:mole Ck) was independent of flow rate.

The rhodium metal used was irradiated in an electron 
linear accelerator by means of bremsstrahlung emitted 
from a platinum converter under bombardment by 25- 
Mev. electrons. The radionuclides 220-d Rh10z and 4.5-d 
Rh101 were produced by (7 ,11) and (7 ,2n) reactions, re­
spectively. Initially, the activity of the Rh101 was about 
three times that of the Rh102; however, when the counting 
was done at the end of the experimental work, the Rh101 
activity was negligible. Two different metal samples were 
used having activities of about 400 and 1500 c.p.m./mg., 
respectively, under our counting conditions. As a check on 
the analytical technique, each of the active metal samples 
was used in a vapor pressure measurement at 1102°; the

(X) This work was supported in part by the U. S. Atomic Energy 
Commission under Contract AT(04-3)-164.

(2) L. Wohler and W. Müller, Z. anorg. u. allgem. Chem., 149, 125
(1925).

(3) F. Puche, Ann. Chem., 9, 233 (1938).
(4) W. E. Bell, M, C. Garrison, and U. Merten, ./. Phys. Chem., 64, 

145 (1960).
(5) W. E. Bell, U. Merten, and M. Tagami, ibid., 65, 510 (1961).

T a b l e  I
E f f e c t  o f  F l o w  R a t e  on  M ole  R a tio

Temp.,
“C.

System
pressure,

atm.

Flow rate 
[mmoles 

(Ck +  R h)/ 
min.]

Rh : Cl2 
mole ratio 

(X  10=)
852 0.497 0.016 0.167
852 .492 .038 .190
852 .500 .044 .174
902 .496 .050 .82
902 .495 .118 .88

1301 .977 .029 11.0
1301 .977 .092 10.8
1301 .978 .098 11.6
1301 .975 .33 11.5

two vapor pressure values obtained were found to agree. 
y-Ray spectra of the samples agreed with spectra reported 
for Rh102 and Rh101.

To determine the quantity of rhodium condensed, the 
mullite condensing region (see Fig. 1 of ref. 5 for diagram 
of reaction tube) was crushed, placed in a plastic vial, and 
counted utilizing a Nal well-counter and a single-channel 
analyzer. Optimum counting conditions were obtained 
by counting integrally above 0.38 Mev. (The main 7- 
energy peak of Rh102 is 0.46 Mev.) Statistical counting 
errors were less than 2%  standard deviation. For stand­
ards, samples of the radioactive metal were weighed out, 
mixed with crushed mullite, and counted in the same manner 
as the unknowns. Activities of the unknowns ranged from 
about 50 to 6000 c .p .m. The background stabilized at about 
85 c.p.m.

At the beginning of the present work, attempts were made 
to develop a chemical method of analysis; however, no 
convenient means was found for dissolving the condensate.

General.—The materials used were rhodium sponge 
(Johnson Matthey, 99.995% purity); RhC]3-3H20  (Fisher, 
99.9% rhodium purity); chlorine gas (Matheson, 99.85% 
minimum purity); and argon gas (Liquid Carbonic, 99.9%  
minimum purity). The gases were dried and purified as 
described in an earlier paper.5

Tube furnaces and Pt, Pt-10% Rh thermocouples were 
used as described previously.5 Temperature uncertainties 
are believed to range from ± 2° at 800° to ± 4 °  at 1500°.

Results and Discussion
Condensed Phase Studies.— Crystals made by 

reacting rhodium sponge and chlorine gas directly 
at 800° for three days showed a chlorine content of 
49.68% by weight as determined gravimetrically 
by hydrogen reduction. Dehydration of commer­
cial RhCl3-3H20  in a chlorine stream at 600° 
yielded an anhydrous product which analysis 
showed to contain 50.43% chlorine. Gavis and 
Sienko,6 by prolonged chlorination at 800°, ob­
tained a product which contained 50.60% chlorine. 
On comparing these values with the 50.83% 
theoretical value for RhCl3, it is apparent that the 
chloride formed was RhCl3(s).

(6) J. Gavis and M. J. Sienko, J . A m . C h em . S o c ., 77, 4983 (1955).
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X-Ray powder patterns of samples of RhCl3(s) 
formed at 800° showed the compound to be iso- 
morphous with the black form of RuC13(s) and the 
violet form of CrClg(s). The latter two com­
pounds previously were shown to be isomorphous 
by Stroganov and Ovchinnikov.7

To test for lower chlorides, a mixture was made 
in which rhodium and chlorine were in the atom 
ratio 1 to 1. This mixture was sealed in an evacu­
ated quartz tube, annealed overnight at 800°, 
quenched, and then examined by X-ray techniques. 
Diffraction lines only for RhCl:,(s) and Rh(s) 
were found.

As a further test for lower chlorides, the chlorine 
content of the samples used in the dissociation- 
pressure work (discussed below) was varied over a 
wide range. There was no apparent effect on the 
dissociation pressure data.

On the basis of these results, we conclude that the 
stable condensed chloride is solid RhCl3 and that 
no other stable condensed chlorides exist within 
the temperature and chlorine-pressure ranges 
studied.

Wohler and Muller,2 on the basis of gravimetric 
analyses of chloride fractions separated by flotation 
methods, claimed the existence of RhCl3(s), 
RhClo(s), and RhCl(s) under conditions similar 
to ours. However, since they did not demonstrate 
homogeneity of the phases separated, and in light 
of the present results, their conclusions regarding 
RhCb(s) and RhCl(s) would appear to be in error.

Dissociation Pressures.— The dissociation pres­
sure data, measured over the range 722 to 963° 
by two different methods, are plotted in Fig. 1. 
The data show a linear relationship between log p 
and 1/T within experimental error. Extrapola­
tion of the line shows the dissociation pressure to 
be 1 atm. at 970°.

The chlorine content of the samples used in the 
static method gradated from 50.4%, essentially 
the content of RhCl3, to less than one chlorine 
atom per rhodium atom. Transpiration experi­
ments at 800 and at 843° were continued to 
complete decomposition of the chloride, and in 
each case only one pressure plateau was observed. 
These results show that the degree of chlorination 
had no apparent effect on the dissociation-pressure 
data and suggest that RhCl3 was the only solid 
chloride involved.

From the slope of the line in Fig. 1, we calculate, 
at the mean temperature of the measurements 
(1100°K.)

A7f°noo =  —67.8 ±  2.0 kcal./mole 
and from this

AS°iioo =  =™r  -  \ R  In p  =  -5 4 .5  ±  2.0 e.u. 

for the reaction

Rh(s) +  | Cl. =  RhCl3(s) (1)

From a rough rule given by Kubaschewski and 
Evans,8 we estimate ACP for reaction 1 to be 4.5

(7) E. V. Stroganov and K. V. Ovchinnikov, Vestnik Leningrad 
Univ., 12, No, 22, Ser. Fiz. i Khim., No. 4, 152 (1957).

(8) O. Kubaschewski and E. L. Evans, “ Metallurgical Thermochem­
istry,”  3d ed,, Pergamon Press, New York, N. Y., 1958.

±1.0 cal./mole °K., and assuming it to be constant 
over the range 298 to 1100°K., we calculate 

AH°-23s =  —71.5 ±  3.0 kcal./mole 
A£°.9s =  -6 0 .4  ±  3.0 e.u.

log p en  =  -  -  1.510 log T  +  13.20

Combining AiS'W with standard entropies (S°298 
Rh = 7.53 ±  0.05 e.u. and S°298 Cl2 = 53.29 ±  0.01 
e.u. given by Kelley and King,9 we obtain *S029s 
RhCl3(s) = 27.1 ±  3.0 e.u. This value may be 
compared with the experimental values ¿>°293 R uC13- 
(s) =  30.5 ±  2.5 e.u., obtained by Bell, Garrison 
and Merten,4 and iS0298 CrCl3(s) = 29.4 ±  0.2 e.u., 
reported by Kelley and King9 and based on low 
temperature heat capacity data. The value for 
*S°298 RhCl3(s) also may be compared with 38.0 ±  
6.0 e.u., estimated by Brewer, et al.,10 and with
33.2 e.u., estimated by Latimer’s rules.11

Wohler and Muller2 reported dissociation-pres­
sure data for RhCl3, RhCl2, and RhCl (as mentioned 
above, we find no evidence for the lower chlorides),

(9) K. K. Kelley and E. G. King, U. S. Bur. Mines Bull. 592, 1961.
(10) L. Brewer, et al., in “ The Chemistry and M etallurgy of Mis­

cellaneous Materials: Thermodynamics,”  National Nuclear Energy 
Series, D iv. IV , Vol. 19B, M cG raw -H ill Book Co., Inc., New York, 
N. Y., 1950.

(11) W. M . Latimer, J.  Am. Chem. S o c . ,  73, 1480 (1951).
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Fig. 2.-—Effect of chlorine pressure on vapor pressure at 
1102, 1301 and 1504°.

and Puche3 reported data for RhCl3 and RhCR 
The data which Wohler and Müller report for RhCl 
fall fairly well on our curve in Fig. 1; however, the 
data which they and Puche report for RhCl3 and 
RhCh fall above our curve.

Identification of Vapor Species.— Since Rh(s) and 
RhCl3(s) are the stable condensed phases in the 
temperature range and the chlorine-pressure range 
studied, the solid-vapor equilibria to be con­
sidered are

zRh(s) +  \ Cl2 =  Rh.Ch(g) (2)

zRhCl3(s) +  Cl2 =  RhxCh(g) (3)

From the equilibrium constant for eq. 2, we obtain

lo g  pR h ,ciB =  g  l ° g  P cii +  lo g  K

A similar expression is obtained for eq. 3, and we 
evaluate y/2 and (y — 3x)/2 by studying the effect 
of chlorine pressure on vapor pressure.

Figures 2 and 3 show the isotherms obtained. 
The break in the 902° isotherm at 0.35 atm. 
fixes the equilibrium dissociation pressure of Rh- 
Cl3(s) and agrees with the dissociation-pressure 
data in Fig. 1. The points in Fig. 2 and 3 repre­
sent the results of individual experiments with the 
following exceptions. The point at 1301° and 0.98 
atm. chlorine pressure is the average of the vapor-

Fig. 3.— Effect of chlorine pressure on vapor pressure at 802, 
852 and 902°.

pressure values 10.8, 10.6, 11.4, and 11.2 X  10-3 
atm. obtained in flow rate studies (see Table I). 
The point at 1102° and 0.99 atm. chlorine pressure 
is the average of the values 4.98 and 4.96 X 10-3 
atm. obtained using metal samples of different 
specific radioactivity. The uncertainty of the 
individual points is about ±  5% at the higher tem­
peratures and 1 atm. chlorine pressure and increases 
to about ±15%  as the temperature and chlorine 
pressure are lowered. The curves of Fig. 2 were 
drawn to be consistent not only with the experi­
mental points, but also with each other.

In Fig. 2, the slopes of the isotherms taken at 1 
atm. chlorine pressure are 1.36 (1504°), 1.44- 
(1301°), and 1.50 (1102°). Those of Fig. 3 are 1.4 
(902°) and zero (902, 852, and 802°). Thus, y/2 =
1.5 and (y — ox),/2 =  0; y =  3 and x =  1. 
It therefore is apparent that the principal vapor 
species is RhCl3.

Comparison of the experimentally determined 
(solid) curves and the dashed curves (drawn with 
a slope of 1.5) in Fig. 2 shows that the experi­
mental curves decrease in slope with increasing 
temperature and decreasing chlorine pressure. 
The effect apparently is the result of a contribution 
from a lower chloride. This means that the ex­
perimental curves are actually the sum of linear 
pressure-dependence curves representing RhCl3 
and at least one unknown lower chloride.

By successive approximations, we were able to 
resolve each of the experimental curves into two 
linear curves having slopes of 1.5 and 1.0, respec­
tively. From the latter value, we find that y/2 
=  1.0 and y =  2; thus, the lower chloride species
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appears to be RhCl2 (in this case, we assume that 
x  =  1).

Table II gives individual partial-pressure values 
for RhCl3 and RhCl2 taken from the rcsolved'Iinear 
curves at 1 atm. chlorine pressure and at pressures 
corresponding to those used in the experimental 
work. To show how the data correlate, the sums 
of the individual partial pressures are compared 
with experimentally determined total vapor-pres­
sure values. The agreement appears satisfactory.

T a b l e  I I
C o m pa r iso n  o p  E x p e r im e n t a l  and  

R e so lv e d  V a p o r  P ressu r e s
Exptl.

Resolved vapor pressures, atm. X 103 vapor
PCL

(atm.) PRhCü“ Z>RhCl3a
PRhClî +  

PRhCll
pressures,b 
atm. X 103

0.100 0.63
1504°

0.465 1.10 1.04
.243 1.53 1.80 3.33 3.56
.485 3.03 5.1 8.1 8.3
.972 6.1 14.5 20.6 20.3

1.00 6.3 15.2

0.099 0.238
1301°

0.275 0.51 0.53
.246 0.59 1.08 1.67 1.76
.490 1.17 3.08 4.25 4.02
.98 2.35 8.8 11.2 11.0

1.00 2.40 9.0 . .

0 100 0.056
1102°

0.138 0.194 0.197
.246 .137 0.54 0.68 0.69
.492 .273 1.55 1.82 1.78
.99 .55 4.45 5.00 4.98

1.00 .56 4.50
* Taken from resolved linear curves at the appropriate 

chlorine pressures. 6 Experimental vapor pressures, as­
suming one vapor molecule per rhodium atom condensed.

Although the results correlate very nicely if 
RhCk(g) is taken to be the lower-chloride gaseous 
species, we cannot entirely eliminate the possibility 
that the deviations from a 1.5 slope of the experi­
mental curves of Fig. 2 may have resulted from a 
rhodium-bearing species formed from chlorine 
corrosion of the mullite. The species RhCl(g) 
appears to be eliminated by the fact that the curves 
of Fig. 2, because of their large radius of curvature, 
do not resolve into two linear curves having 
slopes of 1.5 and 0.5, respectively.

Temperature Dependence of Vapor Pressures.— 
Since RhCl2 and RhCls appear to be the important 
vapor species under our experimental conditions, 
the solid-vapor equilibria to be considered are

Rh(s) +  Cl2 =  RhCl2(g) (4)

Rh(s) +  \ Cl2 =  RhCl,(g) (5)

RhCl3(s) =  RhCl2(g) +  \  Cl2 (0)

RhCl3(s) =  RhCl3(g) (7)
When Rh(s) is the stable condensed phase, the 
observed vapor pressure must be the sum of con­
tributions from reactions 4 and 5; and when Rh- 
Cl3(s) is the stable condensed phase, the observed 
pressures must be the sum of contributions from

reactions 6 and 7. Reaction 4 is related to (6) 
and reaction 5 is related to (7) by reaction 1.

Figure 4 shows the individual partial pressures 
of RhCl2 and RhCl3 as a function of l/T. Curves 
A and C represent vapor pressures of the two 
species in equilibrium with Rh(s) at 1 atm. chlorine 
pressure (reactions 4 and 5), and curves B and D 
represent the pressure data for RhCl3(s) at 1 atm. 
chlorine pressure (reactions 6 and 7). These 
curves were arrived at in the following manner.

The three RhCl2 pressure values at 1 atm. chlo­
rine pressure, obtained as described above and in­
cluded in Table II, were plotted and curve A was 
drawn through the points. Curve B was drawn 
to intercept curve A at l/T  =  0.804 (970°, the 
dissociation temperature of the solid chloride at 
1 atm. chlorine pressure) so that the slope changes 
by —67.2 kcal./mole, the heat of reaction 1 at 970°. 
Partial pressure values for RhCl2, shown in Table 
III, were taken from curves A and B at the ap­
propriate l/T values and were subtracted from the 
experimentally observed vapor pressures to obtain 
the partial pressure values for RhCl3 shown in 
Table III. These were plotted in Fig. 4 and curves 
C and D were drawn through the points. The 
curves were drawn as straight lines, since the data 
are not considered sufficiently accurate to warrant 
taking into account heat capacity effects over the 
short range of temperature involved.

Thermodynamic values for reactions 4 through 
7 are summarized in Table IV. The A //0m3 and
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AS°i243 values for reaction 4 were obtained from 
curve A. These values were combined with the 
A#°i243 and ASVtt values for reaction 1 to obtain 
A/f°i243 and AiS°i243 values for reaction 6. The 
latter values are represented by curve B. The 
A#°j243 and A/S°i243 values for reactions 5 and 7 were 
obtained from curves C and D. The ACP values 
of Table IV were obtained from Cp values esti­
mated from values for similar halides given by 
Kelley,12 and the Aif°298 and A,S'°298 values were cal­
culated by assuming AC*P to be constant over the 
temperature range involved.

T a b l e  III
O b s e r v e d  T o ta l  V a p o r  P ressu r e s  R eso lv e d  in to  
I n d iv id u a l  P a r t ia l  P ressu r e s  o p  RhCl2 an d  RhCl, a t  

1 A t m . C h l o r in e  P r e ssu r e

Temp.,
Obsd. total 
pressures,“

Resolved individual 
pressures, atm. X 103

°C. atm. X 103 p i t h c n 6 P R h C l3 c

802 0.0175 0.0004 0.0171
852 .088 .003 .085
902 .394 .018 .376
956 1.95 .11 1.84

1003 3.10 .25 2.85
1102 5.00 .57 4.43
1202 7.8 1.20 6.6
1301 11.4 2.3 9.1
1401 15.8 3.9 11.9
1504 21.3 6.5 14.8

“ Experimental vapor pressures, assuming one vapor 
molecule per rhodium atom condensed. The 956° value is 
the average of three experimental values— 1.90, 1.96, 
and 1.99 X 10y3 atm. The 1003, 1202, and 1401° values 
are from individual experiments. A slight correction was 
required to bring these values to 1 atm. chlorine pressure. 
The remaining values were taken from Figs. 2 and 3. 
b From the RhCh curve of Fig. 4. c Column 2 minus 
column 3.

By combining the AH°ius and AiS°i243 values for 
reaction 5 with the respective AH°uis and A<S0)243 
values for reaction 7, we obtain AH°m3 =  —64.6 
±  3 kcal./mole and AiS°i243 =  —51.7 ±  3.0 e.u. for 
reaction 1. These values agree, within the un­
certainty of the data, with the values AH0i243 =

(12) K. K. Kelley, U. S. Bur. Mines Bull. 584, 1960.

T a b l e  IV
T h e r m o d y n a m ic  D a t a  f o r  V a p o r iza t io n  R e a c t io n s  
R h(s) +  Ck =  RhCla(g)

AH » u „  =  +29.2 ±  2.0 
kcal./mole

AiS°i2«  =  +6.4  ±  2.0 e.u.
ACp =  —1.2 cal./mcle °K. 

(estimated)
Aif°298 =  +30.3 ±  £.0 

kcal./mole
AS°m  =  +8.1 ±  3.0 e.u.
RhClj(s) = RhCh(g) +  I / 2 CI2

AR°i243 =  +96.4 ±  4.0 
kcal./mole

aS0i245 =  +60.5 ±  4.0 e.u.
ACP =  —5.7 cal./mole CK. 

(estimated)
AÄ+98 =  +101.8 ±  5.0 

kcal./mole
AjS°298 =  +68.6 ±  5.0 e.u.

Rh(s) +  3/ 2CI2 = RhCh(g) 
A H »m * =  +14.9 ±  1.0 

kcal./mole
aS°i243 =  +0 .2  ±  1.0 e.u. 
A C p =  —1.1 cal./mole °K. 

(estimated)
A/+29S =  +16.0 ±  2.0

kcal./mole
AjS’298 =  +1.8  ±  2.0 e.u.

RhCh(s) = RhCL(g)
Aff%3 =  +79.5 ±  2.0 

kcal./mole
a S \ m  =  +51.9 ±  2.0 e.u. 
ACp =  —5.6 cal./mole °K. 

(estimated)
AH»298 =  +84.7 ±  3.0 

kcal./mole
AS»298 =  +59.8 ±  3.0 e.u.

—67.2 ±  2.0 kcal./mole and ASY« =  —54.0 ±  2.0 
e.u. obtained from the dissociation pressure meas­
urements.

Combining A<S°298 values for reactions 4 and 5 
with standard entropies S°2ss Rh(s) =  7.53 ±  0.05 
e.u. and *S0298 Cl2 =  53.29 ±  0.01 e.u. given by 
Kelley and King,8 we obtain <S029S RhCl2(g) =  68.9 
±  4.0 e.u. and <S°29s RhCl3(g) =  89.3 ±  4.0 e.u. 
These values may be compared, respectively, with 
the estimated values of 79.4 and 83.1 e.u. calcu­
lated from an empirical equation given by Kuba- 
schewski and Evans.8 They also may be compared 
with the following experimental values for analogous 
gaseous species: iS°293 CrCl2(g) =  76.0 e.u. and /S°29s 
CrCl3(g) =  86.1 e.u. (found by Doerner13), and 

RuCl3(g) =  95.1 e.u. (found by Beil, Garrison, 
and Merten14).
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(13) H. A. Doerner, U. S. Bur. Mines Tech. Paper 577, 1937.
(14) W. E. Bell, M. O. Garrison, and U. Merten, J. Phys. Chert.. 
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EFFECTS OF ELECTROLYTES ON ROTATORY DISPERSION OF AQUEOUS
TARTRATE SOLUTIONS'
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Rotatory dispersion data over the range 6500-2650 A., for aqueous tartaric acid systems containing HC1 and chlorides of 
■sodium, lithium, calcium, praseodymium, or thorium, and for alkaline tartrate, are fitted to a two-term Drude equation. 
The wave length parameters obtained are found to be in fair agreement with the absorption spectra. The data are compati­
ble with the hj'pothesis of direct interaction between the cations and the OH groups of the un-ionized tartaric acid.

One of the facts that continually has to be kept 
in mind in working with solutions of salts in water 
is that the ions formed interact with the water.

(1) Based on work performed under the auspices of the U. S. Atomic 
Energy Commission. Presented in part at American Chemical Society 
National Meeting, Chicago, September 3-8, 1961.

The type of interaction of most significance with 
regard to magnitude of energy effects, and influence 
on chemical behavior, is that of cations with the 
non-bonding electrons of the water OH groups. 
Such interaction may give a coordinate bond of 
varying degrees of strength. This mode is, in
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aqueous medium, often the dominant one. Fre­
quently one deals with a donor which is not water 
but in which the electron-donating groups likewise 
may be OH groups. It is most useful, therefore, 
if one can follow the effects of the cation on specific 
hydroxyl groups, unperturbed by the over 55 moles 
per liter of aqueous hydroxyls which are not in­
volved in the interaction.

The device used in the work to be reported here 
is to label the hydroxyl groups of interest with 
optical activity. That is, use is made of hydroxylic 
optically-active materials, in which the hydroxyl 
group is attached to an asymmetric center. A 
cation influencing this hydroxyl group might be 
expected to perturb the optical rotation of the sub­
stance as a whole. Scattered prior observations 
of the effects of cationic complexing on the optical 
rotation of active substances support the feasibility 
of the approach. We ourselves have made similar 
studies.2 There is also an older literature dealing 
with salt effects on specific rotatory materials, 
such as tartrate, which is too voluminous to cite. 
There is, indeed, no logical restriction to hydroxylic 
reagents: the method can be extended to amino 
compounds, or to any substance containing donor 
atoms.

To be maximally useful, such studies must relate 
in some reasonable, quantitative way to concepts 
and quantities of theoretical significance. In our 
case, this linkage is furnished through the optical 
rotatory dispersion, and the Drude relation.3-5 
This relation gives the optical rotation of a sub­
stance as the sum of a series of terms 

fix = 2 7„/(x2 -  x„2)
The constants Xn in the denominators, with the 
dimensions of wave length, refer to energy level 
differences in the molecule and, therefore, to part 
of its absorption spectrum. Not all absorption 
peaks are optically active, and maximal optical 
activity may be associated with a rather weak 
absorption peak. In the form given, the equation is 
valid at a distance from an optically active absorp­
tion peak. The region of the peak itself consti­
tutes a singular point, in the mathematical descrip­
tion.

In this paper we shall show that a two-term 
Drude equation is adequate to describe the results 
of a precise determination of the rotatory dispersion 
of tartrate ion and of undissociated tartaric acid 
in various chloride salt solutions. The wave 
length range is 650-265 my. As 4 parameters are 
required, two for each Drude term, maximum 
precision and widest possible spectral range (with­
out intruding into the region of the absorption 
band) are required to yield significant values of 
the parameters. In the case of the tartaric acid 
system above, agreement is found with the ab­
sorption spectrum.

Experimental
Computations.— The experimental data were fitted to a 

two-term Drude equation, containing 4 parameters, with 
the aid of the IBM 704 computer. After trials of numerous

(2) L .  I. Katzin and E. Gulyas. J. Phys Chem., 64, 1347 (1960).
(3) P. Drude, Göttinger Nachrichten (1892).
(4) E. U. Condon, Rev. Mod. Phys., 9, 432 (1937).
(5) W. Moffitt and A. Moscowitz, J. Chem. Phys., 30, 648 (1959).

procedures, a generalized least-squares program due to Dr. 
James E. Monahan of this Laboratory was used. This in­
volves refinement of preliminary guesses of the values of the 
parameters. The nature of the equation is such that the 
usual least squares approach, in which preliminary values of 
the parameters need not be specified, is not practical. Six- 
significant figures in the parameters give the calculated 
rotation to about 0.01° for most of the spectral range, but 
at the shortest wave lengths one more significant figure 
may be needed. The parameters therefore are given to 
7 figures.

As the dispersion curve is a smooth one, with a single 
broad maximum, more than one set of values of the pa­
rameters might be expected to reproduce the same calculated 
rotations to the second decimal place. We therefore must 
analyze the computations more closely to appraise the 
significance of the particular parameters which result.

The two-term Drude equation in the form appropriate to 
the tartrate specific rotation

[a ] =  A/(X2 -  B )  -  C/(X* -  D )  (1)
can be written in the equivalent form 
[a] =  ((A -  C)X2 -  ( A D  -  fiC))/(X4 -

( B +  D )\2 +  B D ) (2)
as has been noted also by Lowry and Cutter.6 It is seen that 
the direct parameters are now the complex ones, (A — C), 
( A D  — B C ) ,  (B  +  D )  and B D .  One may make the further 
substitutions, B  =  L  — A, D  =  L + A ( i . e . ,  2L  =  (B + D )), 
and rearrange (2) to the form
[a] =  [1/X2(( 1 -  ¿ /X 2)2 -  (A/\2)2)] [(A -  C) -

(A -  C ) L /\2 -  (.4 +  C')A/X2] (3)
As can be seen from the equation,7 at very long wave 
lengths the relation reduces essentially to (A — C)./X2, 
Biot’s relation, and the parameter (A — C) therefore should 
be obtainable readily with good precision. Let us now 
assume that L > > A, as will be seen to fit the tartrate situa­
tion. As one moves to somewhat shorter wave lengths, 
the parameter L should become determinable witli fair 
precision. The parameter ((A — C)L +  (A+C)A) may 
be obtained with comparable ease, depending on the exact 
numerical relations for the given system. The parameter 
A will require a further extension toward the shorter wave 
length region, and rather more precise data, to be obtained 
with reliability. This means that, the absolute magnitudes 
of the Drude parameters A and C will be even less reliable: 
they are obtained from the compound parameter above 
after first subtracting the product (A — C )L , with its pre­
cision probably limited by that of L , and then dividing the 
residual by the less precise factor A. The (A +  C)A value 
may be expected to be much more accurately determined 
than any of its components. These considerations will be 
illustrated in the following.

Dispersion data were obtained in the standard way for an 
alkaline (pH 7) solution of commercial sodium tartrate, 
not specially purified. In alkaline solution, the rotation is 
still highly positive even at 265 nyu; acid solutions show large 
negative rotation at this wave length. Two different com­
putations with the same data gave the respective equations
[a] =  651.9583/(X2 -  0.03921965) -  637.2467/

(X 2 -  0 .0 3 9 7 9 0 3 3 ), a n d
[ « ]  =  3 9 5 .4 3 6 2 /(X 2 -  0 .0 3 9 0 2 8 1 8 ) -  3 8 1 .6 2 4 8 /

(X 2 -  0 .0 3 9 9 7 4 4 8 )

The rotations computed from the two equations for each 
of the 38 experimental wave lengths differ from each other 
by more than 0.01° only for the extreme point at 265 npi. 
The differences in A and in C  between the two equations 
are obvious, and the respective A values are 0.000285 and 
0.000473, yet the (A+C)A  values are 0.3676 and 0.3677, 
respectively. This agreement is fortuitously close, as the 
L  values differ by 1 part per 1000, but the principle is il­
lustrated. It also should be pointed out that even with this 
large percentage uncertainty in A, the difference between 
the B  values for the/wo equat ions amounts to that between
1980.4 and 1975.6 A. for t,heoabsorption peak, and for D ,  
between 1994.7 and 1999.4 A. In general the computer

(6) T. M. Lowry and .J. O. Cutter, J. Chem. Soc., 127, 604 (192.5).
(7) Analogous relations, in increasing numbers of parameters, can 

be obtained with more than two Drude terms.
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would throw up parameters differing in this way only when 
one or two very bad points would give a local minimum in 
the least squares sums. When this occurred, the rotations 
computed by the two equations would not agree as well as 
in the case used for illustration, and choice between them 
could readily be made by observing the error distribution 
pattern. One of the two generally had a non-Gaussian 
error distribution, all points in essence being equally poorly 
fitted, to compensate for improved fit at the one or two very 
bad points.

We are indebted to Dr. Gordon Goodman for stimulating 
discussions on some of these points.

Polarimetry.— The rotatory dispersion measurements were 
made with a Rudolph photoelectric spectropolarimeter, 
Model 200S, and a xenon compact arc lamp. The 100 
mm. polarimeter tube was jacketed, and had quartz end 
plates. Temperature was controlled by circulating water 
at 25 ±  0.1° through the jacket. Optical rotations were 
measured at 10 m¡j. intervals in the wave length region 650 
to 300 m/j., and at 5 m¡i intervals at wave lengths below 300 
mm- With PrCb solutions, interference from absorption 
peaks at some points in the visible necessitated variations in 
this program. At each wave length, a minimum of four 
instrument settings were read and averaged to give the 
rotation. The average deviation of the readings was 0.002- 
0.003° in the wave length region 650-300 m^, and 0.006- 
0.04° below 300 m^. A good over-all average in this latter 
region is about ±0 .01°. For our tartaric acid solutions 
(0.2 M )  a measured 0.003° corresponds to 0.1° in [«]. 
As a blank reading must be subtracted, the statistical ex­
pectation is about ±0 .15°.

pH Measurement.—-A Beckman Model G pH meter 
giving a precision of ±0.02 pH unit was used to determine 
the pH values of the solutions.

Purification of Materials.—The analyzed reagent grade of 
d-tartaric acid (2-5 p.p.m. iron) shows a small absorption 
peak at about 265 niju. The acid was purified twice by 
ether extraction of the solid by the Soxhlet procedure. The 
265 mp absorption was no longer present in the repurified 
acid, and with it disappeared a marked irregularity in the 
rotatory dispersion below 300 m/j.

Sodium chloride was recrystallized by prolonged boiling 
of excess salt vrith 6 N  HC1, to remove any iron. The 
crystals were washed with ethyl alcohol and dried at about 
100°. An approximately 4 M  solution of the purified salt 
showed no absorption at wave lengths greater than 215 mix.

PrCfrxH20  obtained from Lindsay Light and Chemical 
Co. showed a small foreign absorption peak around 270 m/x, 
in aqueous solution. A I M  solution of the salt in 6 N  
HC1 was passed through a Dowex-1 anion exchange column. 
After the anion-exchange process was repeated, the eluate 
was reduced in volume to about one-half the original in a 
vacuum desiccator. A solution of the product crystals 
showed no ultraviolet absorption down to 235mJu.

A 2 M  solution of ThCfi in 3 N  HC1 was twice passed 
through a Dowex-1 anion resin column. Crystals obtained 
by partial evaporation of the eluate were filtered off, 
washed with ether, and stored in a desiccator over sulfuric 
acid to dry. A broad absorption peak centering at about 290 
mp in the starting material was reduced to a small absorption 
at approximately 255 m^.

Lithium chloride and calcium chloride dihydrate, ana­
lyzed reagent grade, were not further purified.

We are indebted to Miss Gail Norman for technical assist­
ance in the purifications.

Preparation of Solutions.— All solutions contained 0.2000 
mole per liter of d-tartaric acid (H2T). On the basis of 
previous data,8 pH 0.3 was chosen ¡is a suitable compromise 
between an acidity at which the ionization of H2T is less 
than 0.1%, and one in which the HC1 concentration might 
be so high as to introduce complications. In general, 
solutions were made from a stock solution 0.4000 M  in H2T 
by dissolving the salt to be tested in a small volume of 0.8 
N  HC1, adding the appropriate amount of the tartaric acid 
stock, and making up to volume with 0.8 N  HC1. Higher- 
valent salts (CaCl2, PrClj, and ThCl*) gave a slightly lower 
final pH, as noted in the data. In some instances, the pH 
was altered deliberately through the addition of an appro­
priate amount of HC1. The alkaline tartrate solution was 
prepared by the addition of 10 M  NaOH to the H2T.

(8) L. I. Katzin and E. Gulyas, J. Phys. Chem., 64, 1739 (1960).

Absorption spectra were obtained through 0.1-mm. path 
lengths with the Cary spectrophotometer.

Results
The full data are given as two-term Drude equa­

tions, together with plots of the deviations of the 
experimental values of the rotation from the rota­
tion calculated by the equation given (open circles). 
At several wave lengths, for orientation, the ex­
perimental rotation is written in. (Fig. 1-6). 
Many of the error plots show systematic drifts 
suggesting lack of optimum match of the equation 
with the data, owing to difficulties at the short 
wave lengths. Since the data below 300 in a 
already were considered less reliable than the rest, 
the computation was repeated using only the data 
through 300 mg. Rotations were computed from 
the parameters so derived for the wave lengths 
below 300 mg. The deviation plots for these equa­
tions also are included in the figures as solid circles. 
The root mean square deviations for the 36 out 
of 40-43 original points retained were considerably 
improved, often by about a factor of 2, to a modal 
value of ca. ±0.25°. (If one used only the data 
through 350 mp, the error function was ± 0 .1 - 
0.2°, verifying that the experimental precision 
in the measurements was about that stated earlier.)

The compound parameters discussed above were 
taken from the Drude equation constants for the 
data through 300 mp, and are listed in Table I. 
The parameters having to do with peak wave 
lengths (L, L +  A(=A22) and 2A (sA 22 — xp)) are 
essentially indistinguishable for the pH 0.29 
HC1, and the solutions with 0.5 M  LiCl and 0.5 M  
NaCl. The two more dilute CaCl2 solutions, and 
the PrCL solution, show essentially the same 
values for 2A, but the CaCL solutions show a con­
sistent though small change in L, and the PrCl3 
solution a larger change in this parameter. The 
two ThCl4 solutions are consistent with each other, 
but show both L and 2A sharply altered from the 
standard pH 0.29 solution. The 1 M  CaCl2 
parameters indicate some marked alteration in the 
solution, possibly formation of a complex between 
the cation and bitartrate ion. Alkaline tartrate 
ion, in addition to the marked shift of L to shorter 
wave lengths, has a smaller value for 2A, though 
this parameter is larger than the corresponding one 
for the solutions containing thorium.

The absorption spectrum of the aqueous tartaric 
acid at pH 0.29 shows a broad peak (width at half­
maximum ca. 300 A.), with extinction about 225 
at its maximum (ca. 2116 A.), set on the slope of a 
much more intense peak whose maximum lies below 
1950 A. (Hereafter these will be designated P and 
S, respectively.) The spectrum is not changed 
significantly in the presence of 0.5 M  LiCl, 0.5- M  
NaCl, or 0.2 M  CaCL, though the first seems to 
give perhaps 3%  lower, and the last, 3%  higher 
absorption at the P maximum.

The solution 1.0 M  in CaCl2 shows a definite 
shift of the S absorption to longer wave lengths, 
so that the P absorption becomes a shoulder on it, 
essentially flat from 2065 to 2110 A., with the same 
height as the 2116 A. peak of the 0.2 M  CaCl2 
solution. The 6 N  HC1 solution also shows a 
displacement of the S absorption to longer wave
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Fig. 1-6.— 0.200 M  tartaric acid in various aqueous solu­

tions. Differences between experimental specific rotations 
and those calculated from two-term Drude equations: O,
equation parameters based on full data; • , equation pa­
rameters based on data from 650-300 ni/c only. Vertical 
numbers illustrate actual rotations, [a], at wave length indi­
cated. (Note change in errcr scale at 300 m/i.)
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T a b l e  I

C o m p a r a t iv e  F u n ctio n s  o f  D r u d e  E q u a tio n  P a r a m e t e r s  f o r  T a r t r a t e  D a t a  T h ro ug h  300 mp

a

System re h  +  h u> X22 X22 -  X12
HCl, pH 0.29 420.7252 5.669 0.0434898 0.04408398 0.001188
6 M  HCl 421.2715 4.379 .0420622 .04271845 .001312
0.5M LÍC1, pH 0.30 422.9479 5.614 .0434628 .04405376 .001182

.5 M  NaCl, pH 0.28 420.3014 5.061 .0434770 .04407025 .001186

.2 M  CaCls, pH 0.25 421.2641 4.794 .0431923 .04378431 .001183

.5 M  CaCl2, pH 0.25 420.2866 3.789 .0431585 .04376052 .001204
l . O I  CaCfi, pH 0.25 420.7703 1.926 .0441845 .04474886 .001129
0.5 M  PrCti, pH 0.22 400.5104 3.298 .0417851 .04237178 .001173

. 5 M  ThCk, pH 0.23 416.3732 6.489 .0446349 .04491277 .000556

.5 M  ThCh, pH 0 02 421.1099 3.150 .0445373 .04482643 .000578
NaOH, pH 8 433.0330 13.652 .0396317 .04005734 .0008513

a ] -  h  +  h  ,  
■ J X2 -  X42 1 X2 -  x22

A  C 
~  X2 -  B  X2 -  D' 6 L  = >A( B  +  D ) ;  A = ‘Al B - D  |.

length, slightly less marked than for the 1.0 M  
CaCl2. A similar alteration is seen for the pH 
0.02 solution containing 0.5 M  ThCl4, but ac­
companying it is a definite movement of the P 
absorption to shorter wave lengths. At pH 0.23 
the P shift seems the same, but the S contribution 
at ca. 2100 A. is more marked. In spite of inter­
ference from the 2135 Á. peak of Pr+3 (c/. Stewart 
and Kato9), which is of comparable intensity, the 
absorption above 2225-2250 A. is decreased from 
the standard, indicating a probable shift to shorter 
wave length in the P absorption. In the alkaline 
tartrate, finally, although the S absorption com­
pletely obscures the P absorption to 2160 À., from 
2175 A. the absorption falls well below that ex­
pected for the P absorption, which would be con­
sistent with a strong movement of the P absorp­
tion to shorter wave lengths.

Discussion
From the above it is seen that a two-term Drude 

equation can fit the data quite well. With read­
ings from 6500 to 3000 A. the differences between 
experimental rotations and calculated approach 
the reproducibility of the __experimental rotations. 
With data down to 2650 A. included, Drude con­
stants are modified somewhat, and the root mean 
square deviation may double. Less homogeneity 
and reproducibility of the data are indicated. A 
number of factors contribute to this: decreased 
precision in the data, effects of minor impurities, 
possible contributions of more than the two ab­
sorption peaks implied, and possible deviations 
from the Drude relation itself as one gets nearer 
to the absorption wave length, and into the 
Cotton effect region.

A significant datum is the difference between the 
rotations calculated for the 3000-2650 A. wave 
length region via the parameters deduced from the 
data for the 6500-3000 Á. span, and the experi­
mental rotations. In all cases, the computed ro­
tation is increasingly more negative in the shorter 
wave length region than is the corresponding ex­
perimental value. This difference ranges from 2° 
or so for the pH 0.29 HC1 at 2700 Á. (rotation, 
-380.70°) to 20° for the pH 0.23 ThCU solution 
at 2650 A. (rotation, —77.14°) and 26° at 2700 
A. for the 1 M  CaCl2 solution (rotation, —481.60°).

(9) D. C. Stewart and D. Kato, Anal. Chem., 30, 164 (1958).

Possible error in calibration of the instrumental 
rotation scale or wave length setting inaccuracies 
where the rotation may be changing by as much as 
100-120° in 50 A. cannot explain the behavior. 
There is, as might be anticipated, some correla­
tion with the statistical fit to the points above 
3000 A. The pH 0.29 HC1, and the alkaline 
tartrate, for which the root mean square deviations 
in the 6500-3000 A. region most closely approach 
the experimental precision, deviate only some 3° 
or so from the experimental points at 2650 A. The 
two solutions indicated above as having large 
deviations show relatively large values of the root 
mean square deviation even above 3000 A., and 
the distribution of deviations in the 6500-3000 A 
region is non-Gaussian. The implication is strong 
that the factors involved are related to some 
(probably minor) species for which at least one 
more Drude term would be involved. The devia­
tion from the Drude relation due to the Cotton 
effect region would seem to be much less significant, 
inasmuch as the alkaline tartrate for which the 
absorption wave length is more remote than for the 
acid solutions also shows the effect.

All the dispersion curves show positive rotation 
at the longest wave lengths, which passes through 
a maximum as the wave length decreases. Below 
some wave length the rotation is negative. Alka­
line tartrate has a rotation maximum of 130.76° 
at about 3050 A., and the rotation is still +61.76° 
at 2650 A. Thorium chloride at pH 0.23 gives 
the maximum tartrate rotation of 45.70° at 3400 
A., and shows negative rotations below 2830 A. 
The more acid ThCh solution shows a maximum 
rotation of 10.43° at 4500 A., the sign becomes in­
verted below 3500 A., and at 2800 A. the rotation 
is —109°. Tartrate in HC1 at pH 0.29 has its 
rotation maximum of 16.26° between 4600 and 4700 
A., and turns negative between 3600 and 3700 A. 
The rotation is —380.7° at 2700 A. The extreme 
of the solutions seen is that 1.0 Hi in CaCl2, with 
the maximum positive rotation of 1.60° at 6400 A., 
sign inversion at 5400 A., and a rotation of —481.6° 
at 2700 A. This rather marked difference in gross 
features, as indicated in the figures and in Table I, 
involves relatively small alterations in the Drude 
parameters.

The most marked gross characteristic of the dis­
persion curves, the rapidity with which the rota­
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tion turns negative with decreasing wave length, 
correlates obviously with (A -  C) of Table I. This 
parameter is largest for alkaline tartrate, smaller 
for the pH 0.23 ThCh, still smaller for the pH 0.29 
HC1, and finally least for the L O li  CaCl2 solution. 
The L and A parameters in this system appear 
primarily to modify the detailed shapes of the 
curves, but in terms of energy levels in the tartrate 
group and correlation to these levels as they are 
revealed by other sorts of spectra, they are of great 
significance.

The P absorption maximum, 2116 Â., is 15-16 
Â. longer than the wave length corresponding to 
X22 for pH 0.29 HC1 solution of tartaric acid (see 
Table I), and about that for the solutions contain­
ing ThCh- This suggests that X22 is related to the 
P absorption. For both the alkaline tartrate solu­
tion and the tartaric acid solution containing PrCl3 
there is a marked movement of X2 to shorter wave 
lengths, and in both instances the P absorption 
apparently has done likewise. The S absorption 
of the alkaline tartrate has moved decidedly in the 
opposite direction. The implied movements of 
the 1.0 M  CaCl2 and the ThCh solutions’ X2 peaks 
some 15-18 Â. to longer wave lengths than for the 
standard solution is of uncertain meaning, as the 
parameters for the full data through 2650 A. (see 
figures) indicate them to be at perhaps shorter 
wave length than the standard. There is no certain 
movement of the P absorption for the CaCl2 solu­
tion, though the S absorption has moved to longer 
wave length. In the case of the ThCl4 solutions, 
a definite movement of the P absorption to shorter 
wave length is apparent. It is of interest that the 
A parameter for the ThCh solutions is markedly 
smaller than for the other systems, suggesting that 
this apparent movement of the P absorption also 
could be a sharpening due to relative movement of 
the two absorptions suggested by the Drude re­
lation.

The intensity of the P absorption is half-maxi- 
mum at about 2265 Â. Assuming it to be sym­
metrical, in wave length measure, the second half­
maximum point would be at about 1966 À., and the 
respective X2 terms would be 0.05130 and 0.03865. 
The difference, 0.01265, is over 10 times the 2A 
for most of the solutions in Table I. With the 
agreement in this parameter for most of the solu­
tions, and the characteristic and marked deviations 
of the ThCh and alkaline tartrate solutions toward 
smaller values, it seems unreasonable to assume that 
the values listed in Table I are too small by a factor 
of 10 or more. But such an assumption is neces­
sary if one is to deny that the two Drude absorp­
tions fall within the half-maximum width of the P 
absorption. This means that either the P absorp­
tion is “ complex”  in this sense, or that the Xi peak 
may be associated with one of the (probably) 
several components of the S absorption, and the 
X2 peak with the P absorption. In this latter case 
it is necessary to make the supporting assumption 
that when the S absorption moves to longer wave 
lengths in the several tartrate systems, only in 
certain instances (such as the ThCh solutions) 
is it the optically-active component which has 
moved. From the failure of the Table I pa­

rameters to match satisfactorily the observed rota­
tions below 3000 A., one might justify the con­
tention that the small value of A for the ThCh 
solutions is a consequence of squeezing into the 
two-term Drude form a third rotation related to 
the S absorptions. This would imply again the 
point of view that the “ normal”  rotations involve 
two P absorption peaks.

The equivalent of the P absorption seems char­
acteristic of carboxylic acids. It generally is 
referred to as a carbonyl absorption, presumably 
because OH absorption comes at rather shorter 
wave lengths. But true carbonyl absorption 
comes at notably longer wave lengths, ca. 2800 À. 
The carboxyl absorption may reasonably be con­
sidered as resulting from interaction of carbonyl 
and hydroxyl oxygens present on the same carbon. 
A “ complex”  nature in the above sense therefore 
should not be surprising.

Some comparisons have been made in the older 
literature of Drude constants and absorption 
peaks.10 Generally, however, neither rotatory 
parameters nor absorption spectra were too well 
known—e.g., the absorption of tartaric acid was 
not known at short enough wave lengths to demon­
strate the P absorption peak. Furthermore, for 
the tartrates specifically, calculations were based 
on measurements^ at relatively few wave lengths, 
well above 3500 À. This factor alone would give 
X22 values of longer wave lengths, as we can demon­
strate with our own data. More importantly, 
parameters were fixed arbitrarily, taking advantage 
of the adjustability of the four-parameter compu­
tation. Thus, in their work with ethyl tartrate,10b 
Lowry and Cutter arbitrarily set Xi2 at 0.03, re­
ducing the fitting problem to one in three pa­
rameters. Their X22 value of 0.056 therefore is not 
necessarily related to the absorption peak. The 
ethyl tartrate rotations are small,10b and the 
precision is low, particularly in the critical region 
4600-3860 A., the lowest wave lengths recorded. 
The Lowry-Cutter equation, [al =  25.005/ 
(X2 — 0.03) — 20.678/(X2 — 0.056) seems to give 
a good fit. We have recomputed the rotations 
with this equation, and find a root mean square 
deviation of ±  0.11°. On putting the Lowry-Cut­
ter data through the computer least-squares pro­
cedure, however, one obtains the equation
[a] =  388.9684/(X2 -  0.044416) -

384.7171/(X2 -  0.0458956)

with a root mean square deviation of ±0.07°. 
Both equations actually fit the data better than its 
probable precision, but the correspondence of the 
improved fit parameters for these data to our 
own for the tartaric acid systems is obvious. The 
Lowry-Cutter (A -  C) is 4.33, ours is 4.25, and L =  
0.086 vs. 0.090, in accord with the considerations 
discussed above.

One advantage of electronic computation over 
hand computation is that the computer does not 
get bored, and will not be satisfied with a fit that 
“ looks good.”  This may be illustrated with the

(10) (a) T. M . Lowry and J. O. Cutter, J .  C h e m . S o c . ,  127, 604‘ 
(1925); T. M . Lowry, “ Optical Rotatory Power,”  Longmans, Green 
and Co., 1935; (b) T. M . Lowry and J. O. Cutter, J .  C h e m . S o c . ,  121 
532 (1922).



500 Leonard Katzin and Elsie Gulyas Vol. 65

Lowry and Cutter10“ data on camphor in benzene. 
Their equation is
[a] =  29.384/(X2 -  0.08720) -  20.138/(A2 -  0.05428)
The computer-derived equation
[a ] =  19.0834/(X2 -  0.092746) -  10.14135/(X2 -  0.017626)
gives obviously improved fit in 29 of 41 points. 
The Xi2 parameter 0.0927, and the relatively low 
value of X22, explain why three-parameter fits to 
rotatory data for camphor and its derivatives10“'11.12 
in which X22 is set at 0, give Xi2 values 0.09 -  0.11.

It seems to be the general practice, when using 
a three-parameter approximation for the Drude 
relation, to use the form [a] =  A /(A 2 — B) +  
(7/A2. From the analysis given above of the two- 
term relation, it is seen that this is equivalent to 
setting 2A =  Xi2. This is not only arbitrary, but 
also not in accord with the accepted origin of the 
rotations, and probably will not give the best fit. 
For three-parameter fittings it would be advisable 
to use ( A  +  C), L  (= (A i2 +  A22)/2) and ( A  — C)A. 
One may then choose a A value such that (L +  
A) bears some reasonable relationship to the 
absorption of known chromophores in the molecule, 
and expect improved fit from the two-term Drude 
relation. To fix arbitrarily the values for both 
Xj2 and X22, and from the data for a relatively few 
wave lengths to draw conclusions as to chemical 
species from the resulting values for A  and C,13 
appears highly questionable. In addition, when 
one has a series of “ plain” dispersion curves,14 
similar to those described above for the tartrates, 
it may be tempting to postulate that the differences 
are due to additional Drude terms of opposite sign,14 
but as we have seen above, alterations in the inten­
sity parameters of the two-term equation can re­
produce the effects.

(11) G. Gwen, Trans. Faraday Soc., 26, 423 (1930).
(12) J. O. Cutter, H. Burgess, and T .  M . Lowry, J. Chem. Soc., 127, 

1262 (1925).
(13) M. K. Hargreaves and P. J. Richardson, ibid., 2260 (1957).
(14) A. E. Lippman, E. A. Foltz, and C. Djerassi, J. Am. Chem. Soc., 

77, 4364 (1955).

The concentrations of salts used in our experi­
ments are in the lower range of those producing 
“ salting-out”  effects of the conventional sort, and 
the increased effects on the rotatory parameters 
with increased cationic charge are parallel to the 
salting-out effects. We have had evidence in 
previous work8 that the activity coefficients of 
tartaric acid are affected by salt in agreement with 
expectation. It is reasonable to conclude that the 
rotatory dispersion results and the associated 
spectral changes we report reflect the effects on 
the internal energy relations of the tartaric acid 
molecule of the phenomena which manifest them­
selves as changes in “ activity.”  The abundant 
literature concerning salt effects on optical rota­
tion16 indicates this to be a general relationship. 
The assumption outlined at the beginning of this 
paper was that the changes expected would be 
manifestations of interactions of the salt cations 
with electron-donor groups of the optically active 
material. It perhaps might be argued that the 
primary interaction is between the optically active 
material and the solvent, and that the effect of the 
salts is an indirect one, via action on the solvent 
properties. This alternative cannot be ruled out 
completely at this stage, but it seems significant 
that the total pattern of action of a given cation, 
as revealed by the Drude parameters, is distinctive, 
and apparently different from that of other cations. 
This would not be consistent with the solute- 
solvent interaction picture, and gives support to 
the original assumption.

Some of the sensitivity to impurity found in 
working with these tartaric acid systems suggests 
that optical rotatory dispersion measurements may 
present a sensitive means of detecting small 
amounts of metal ion compounds for analytical 
purposes.

(15) E. 0 ., G. W . Clough, ,7. Chem. Soc., 105, 49 (1914); 107 , 96, 
1509 (1915); 113, 526 (1918); P. A. Levene and A. Rothen, J. thys. 
Chem., 34, 2565 (1930); E. Darmois, Trans. Faraday Soc., 26, 384 
(1930); J. Liquier-Milward, ibid., 390 (1930); G. Bruhat, ibid., 400 
(1930); Y. K. Heng, Bull. soc. chim. France (5], 3, 1004 (1936).
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STUDIES OF THE FISCHER-TROPSCH SYNTHESIS. PREPOISONING OF 
IRON CATALYSTS BY SULFUR COMPOUNDS

By J. F. S h u l t z , 1 L. J. E. H o f e r , 1 F. S. K a r n , 1 a n d  R. B. A n d e r s o n 1 

C oal R esea rch  C enter, B u rea u  o f  M in e s , P ittsburgh , P a .
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The poisoning of iron catalysts by sulfur compounds in the Fischer-Tropsch synthesis was investigated, since synthesis 
gas obtained by the gasification of coal contains H2S and other sulfur compounds. The pretreated catalysts were prepoi­
soned by immersion in a solution of the sulfur compound in heptane prior to synthesis. Sulfur dioxide was the most severe 
poison, and hydrogen sulfide and ethyl mercaptan were nearly as effective. Results of tests of reduced catalysts poisoned by 
carbonyl sulfide and carbon disulfide, as well as a nitrided catalyst poisoned by hydrogen sulfide, were erratic. However, 
for all sulfur compounds tested the activity of a reduced fused iron catalyst was decreased to less than 2%  of the value 
for the fresh sample by the addition of about 10 mg. S per g. Fe or 0.7 mg. S per m.2 of surface. Activated steel turnings 
were more susceptible to sulfur poisoning than the reduced fused iron oxide catalyst. Sulfur poisoning decreased the aver­
age molecular weight of the synthesis products and increased the H2:CO usage ratio. These changes in selectivity suggest 
that the poison may in part react with the alkali promoter.

Introduction
Sulfur poisoning of iron catalysts in the am­

monia synthesis was observed about 50 years 
ago.2 Fischer3 in 1935 cited a practical upper 
limit for sulfur concentration of 1 to 2 mg./m .3 
for synthesis gas for the Fischer-Tropsch synthesis, 
and most commercial applications of this process 
have used synthesis gas containing smaller con­
centrations of sulfur than this limit.

A survey of the literature to 19564 showed only a 
few important contributions to the problem of 
sulfur poisoning of iron catalysts in either the 
Fischer-Tropsch or ammonia synthesis. Brill5 
found that the resistance of fused catalysts to 
sulfur poisoning in the ammonia synthesis at 
atmospheric pressure increases in the following 
order: pure iron, Fe-K20, Fe-Al20 3-K 20,
Fe-Al20 3-C a 0 -K 20. Frear, Shultz and Elmore6 
found that about 20 mg. of hydrogen sulfide 
per gram of catalyst was required to decrease 
the activity to very low values in the ammonia 
synthesis at 100 atm. on doubly promoted 
catalysts. Sulfur dioxide was found to be a tem­
porary poison similar to oxides of carbon and water 
vapor. More recently Bulstuikova, Apel’baum, 
and Temkin7 investigated the poisoning of iron 
catalysts by hydrogen sulfide in the ammonia 
synthesis at atmospheric pressure. Potassium 
oxide, either alone or in the presence of alumina, 
increased the resistance of the catalysts to poison­
ing. Activity for ammonia synthesis decreased 
to zero when the concentration of sulfur was 0.4, 
0.9, and 2.5 mg. S /m .2 for Fe-Al20 3, Fe-Al20 3-  
K 20, and Fe-K 20  catalysts, respectively. The 
amount of sulfur required to inactivate the cata­
lysts were 1.7, 3.2, and 8.1 mg. S/g. catalyst for 
Fe-K 20, Fe-Al20 3, and Fe-Al20 3-K 20, respec­
tively.

(X) Supervisory Physical Chemist, Bureau of Mines, Coal Research 
Center, Pittsburgh, Pa.

(2) A. Mittasch, Advances in Catalysis, 2, 90 (1950).
(3) F. Fischer, Brennstoff-Chem., 16, 1 (1935).
(4) R. B. Anderson, “ Catalysis,”  Vol. IV, ed. P. H. Emmett, Rein­

hold Publ. Corp., New York, N. Y., 1956, p. 242.
(5) R. F. Brill, captured documents, TOM Reel 300, FIAT Reel 

R-19, frames 7088-7104, 1941.
(6) G. L. Frear, J. F. Shultz, and K. Elmore, Tennessee Valley Au­

thority Internal Report R545.
(7) Yu. I. Bulstuikova, L. O. Apel’baum, and M. I. Temkin, Zhur. 

Fix. Khim., 32, 2717 (1958).

Rapoport and Muzovskaya8 investigated the 
poisoning of precipitated iron oxide-copper oxide 
catalysts by organic sulfur compounds in the 
Fischer-Tropsch synthesis. Catalysts that were 
reduced only to Fe30 4 or not at all were remarkably 
resistant to sulfur poisoning, and the synthesis 
could be continued at moderate to high yields 
until the sulfur content of the catalyst was in­
creased to about 10 weight % . On the other hand, 
a similar catalyst completely reduced in hydrogen 
at 500° was reported to be inactive at a sulfur 
content of only 0.9 weight % .

British workers investigated the sulfur poisoning 
of reduced iron catalysts prepared from mill scale 
in the Fischer-Tropsch synthesis.9 Prepoisoning 
by hydrogen sulfide introduced into an evacuated 
bulb containing the catalyst was more effective 
than poisoning by sulfur compounds in the syn­
thesis gas. Methane production was increased 
by sulfur poisoning.

In the present investigation iron catalysts were 
prepoisoned by immersing the pretreated catalyst 
in a solution of the sulfur compound in heptane 
before testing in the Fischer-Tropsch synthesis. 
Thus, the amount of poison may be referred to the 
surface area of the fresh catalysts, and interpre­
tation is not complicated by structural and chemical 
changes of the catalyst that accompany synthesis. 
This procedure also avoids concentration gradients 
of poison along the length of the bed that lead to 
severe problems in the interpretation of results.10 
Concentration gradients of poison often are 
produced when the feed gas contains the poison. 
Poisoned catalysts usually were tested in the 
temperature range 240-300°, but in some cases 
temperatures were increased to as high as 390° 
in attempts to obtain moderate conversions.

In the present paper catalyst activity is ex­
pressed as cubic centimeters (S.T.P.) of synthesis 
gas consumed per hr.-g. of iron at 240°, when 65% 
of H2+C O  is reacting. The activity was cor­
rected to these conditions using the empirical rate 
equation11 —ln(l — x) =  (A/S) exp ( —E/RT),

(8) I. B. Rapoport and O. A. M. Muzovskaya, Khim. i Tekhnol. 
Topliva, No. 2, 18 and No. 5, 19 (1957).

(9) Fuel Research, Report of the Fuel Research Board, 1955, p. 20j 
1956, p. 22.

(10) R. B. Anderson and A. M. Whitehouse, Ind. Eng. Chem., 63, 
1011 (1961).
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SULFUR CONCENTRATION , mg./g. Fe.
Fig. 1.— Relative activities of prepoisoned iron catalyst 

(log scale) as a function of sulfur concentration.

where x is the fraction of IF+C O  reacted, S 
hourly space velocity, A is a constant, and the 
activation energy E has a value of 19 kcal./mole. 
In this paper hourly space velocity is defined as 
volumes of synthesis gas (S.T.P.) introduced per 
hr. per vol. of catalyst space. Although this 
equation may not be accurate for some of the 
present experiments, especially those at higher 
temperatures, the computed activities in every 
case are in the correct order in any group of ex­
periments.

Experimental
Catalysts used were: (a) 6-8 mesh fused iron oxide cata­

lyst D-3001, containing in the raw state, Fe 67.4 weight % , 
Mg 4.61, Cr 0.65, and K20  0.57; and (b) activated SAE 
1018 steel lathe turnings L-2201, approximate dimensions 
8 X 3 X 0.4 mm., oxidized with steam at 700° to convert 
24.6% of the iron to magnetite, and impregnated with K2CO3 
to give a concentration of 0.13 weight %  K20 .

Catalyst D-3001 was reduced in hydrogen at an hourly 
space velocity of 2500 and 450° for 40 hr. to give a weight 
loss of about 24% corresponding to 90% reduction of the 
oxides of iron. The surface area of reduced catalyst was
14.8 m.2/g . Fe. In some tests this catalyst subsequently 
was treated with gaseous ammonia at an hourly space veloc­
ity of 1000, atmospheric pressure, and 350° for 8 hr. to 
convert the iron essentially to €-Fe2N.

Catalyst 1,-2201 was reduced in hydrogen at an hourly 
space velocity of 1000 and 450° for 8 hr. to give a loss in 
weight of about 6.5%, corresponding to about 98 weight % 11

(11) R. B. Anderson, B. Seligman, J. F. Shultz, R. Kelly, and M. A. 
Ejliott Ind. Eng. C h e m 44, 391 (1952).

reduction of the oxidized zone. The surface area of the re­
duced catalyst was 0.83 m .2/g . Fe.

In an attempt to poison all the particles uniformly, the 
pretreated catalyst was immersed in a 1% solution of the 
sulfur compound in ?r-heptane for 24 hr. at room tempera­
ture under conditions that prevented exposure of the pre­
treated catalyst to atmospheric oxygen. Only part of the 
sulfur compound introduced was adsorbed by the catalyst, 
but with IRS, S02, COS, and CS2, concentrations of 1 to 
10 mg. S/g. Fe were attained easily. With ethyl mercaptan 
only small amounts of sulfur were adsorbed in the room tem­
perature treatment, and the poisoning was accomplished by 
heating the catalyst immersed in ethyl mercaptan-heptane 
solution in a stainless steel autoclave at 250° for 4 hr. 
Samples of the catalysts w-ere analyzed for iron and sulfur 
after the poisoning step, after synthesis at 250-300°, and 
after synthesis at higher temperatures (if this step was 
included in the testing sequence).

Catalysts were tested at 21.4 atm. in stainless steel reac­
tors similar in design to the reactors that have been de­
scribed previously.12 Before each test an experiment of 24 
hr. duration was made on a standard catalyst to demon­
strate that sulfur from the previous experiment was not 
transferred to the catalyst in the new test by the wall of 
the reactor. All of these experiments showed that the wall 
of the reactor was inert. Synthesis gas containing 50% H2 
and 50% CO was used in all the tests. This gas, containing 
less than 1 mg. S /m .3, was passed through a large bed of 
activated charcoal at 21.4 atm. to remove traces of sulfur 
compounds before entering the testing unit. Tests were 
started at 200° and an hourly space velocity of synthesis 
gas of 300. The temperature was increased slowly over a 
period of 48 hr. until an apparent C02-free contraction of 
65% or a temperature of 300° was attained. In the first 2 
to 3 weeks of synthesis the temperature did not exceed 300°. 
For active catalysts the temperature was adjusted to main­
tain the apparent CCh-free contraction between 63 and 65%. 
For inactive catalysts the temperature was held at 300°, 
and the hourly space velocity was decreased to 100 to main­
tain the contraction at a measurable level.

The initial period of synthesis, in which the tempera­
ture was less than 300°, extended for 6 W'eeks for active 
catalysts and only 2 to 3 weeks for inactive samples. Dur­
ing this time, the activity of the prepoisoned catalyst 
changed more rapidly than that of the unpoisoned catalyst. 
The activity increased in some tests and decreased in others. 
The average (absolute) change in activity from the second 
to fifth week was about 25%.

After the initial period of synthesis at temperatures at or 
below 300°, the catalyst was removed from the reactor, 
sampled for analysis, and in some cases returned to the 
reactor for further testing. For severeR poisoned catalysts 
the temperature in this second period was increased progres­
sively to as high as 390° to determine if: (a) moderate con­
version of synthesis gas could be obtained, and (b) if any of 
the sulfur w'as removed by synthesis at higher temperatures.

Experimental Results
Activity data for tests of prepoisoned catalysts 

are given in Fig. 1. Here the logarithm of rela­
tive activity is plotted as a function of sulfur con­
tent of the pretreated catalyst. Relative activity 
is defined as the activity of the poisoned catalyst 
divided by the activity of a corresponding un­
poisoned catalyst times 100. The activities given 
are averages for the first 3 weeks of the test. 
For H2S, C2H5SH, and S02 on reduced D-3001 
these plots are approximately linear in the range of 
relative activity from 100 to 20%.

For COS on reduced and H2S on nitrided D-3001, 
the data were erratic, and high relative activities 
were obtained for some samples containing 
moderate concentrations of sulfur. However, the 
relative activities decreased to less than 2% in the

(12) (a) R. B. Anderson, A. Krieg, B. Seligman, and W. E. O’Neill, 
ibid., 39, 1548 (1947); (b) J. F. Shultz, L. J. E. Hofer, E. M. Cohn,
K. C. Stein, and R. B. Anderson, Bureau of Mines Bulletin 578, 1959, 
139 pp.
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Test number X843 X8I8 X809 Z 8 X800
Sulfur concentration 
mg. S/g. Fe 0 l.l 1.5. 3.0 12.9

Temperature, °C 260 269 278 300 380

Contraction 
(C02-free), % 64 64 63 58 61
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Fig. 2.— Selectivity of catalyst D-3001 prepoisoned with H2S. 1H2 +  ICO gas at 21.4 a tm . and hourly space velocity 
of 300. Symbols in histograms have the following meaning: OL., %  olefin; Br, bromine number, OH and qqqjj| > the 
weight %  hydroxyl group, and weight %  carbonyl group, respectively.

range 8 to 10 mg. S/g. Fe for H2S, COS, and 
C2H6SH on reduced and H2S on nitrided D-3001. 
Poisoning by S02 was more severe than for other 
sulfur compounds at concentrations less than 7 mg. 
S /g.Fe.

For activated steel turnings, L-2201, poisoning 
by 0.18 mg. S/g. Fe as H2S decreased the relative 
activity to 8.1%, compared with 7.8 mg. S/g. 
Fe required for catalyst D-3001. Sulfur con­
centrations in mg. S/m.'2 of surface required to 
decrease the relative activity to 8.1% were 0.22 
and 0.58 for turnings and reduced D-3001, re­
spectively.

For reduced catalyst D-3001 prepoisoned with 
CS2 and nitrided D-3001 with H2S, the relative 
activities were erratic, and the catalyst particles 
in many of these tests disintegrated sufficiently

to cause the pressure drop in the bed to increase 
appreciably even in the initial period at tempera­
tures less than 300°. In several tests catalysts 
prepoisoned with CS2 at concentrations less than 
3 mg. S/g. Fe were more active than fresh cata­
lysts. Catalyst disintegration observed in these 
tests probably results from carbon deposition, 
as these catalysts contained moderately high con­
centration of carbon although their temperature 
of operation had not exceeded 270°. An increase 
in activity often accompanies catalyst disinte­
gration by carbon deposition, because the activity 
increases with decreasing particle size. Carbon 
deposition generally was not increased by the 
presence of sulfur in the catalyst, and severely 
poisoned catalysts often could be operated at
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Test number XS43 Z 9 X9 80

CS?

Z 139 X 9 5 4
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Fig. 3.— Selectivity of prepoisoned catalyst D-3001. 1H. +  ICO gas at 21.4 atm. and hourly space velocity of 300. Sym­
bols in histograms are defined in Fig. 2.

temperatures in excess of 350° without encounter­
ing exceptional difficulties.

In the present poisoning studies the yield of 
products of low molecular weight increased with 
increasing concentration of sulfur, as shown for 
reduced catalyst D-3001 in Figs. 2 and 3. The 
histograms present the distribution of total hydro­
carbons, including oxygenated molecules dissolved 
in condensed hydrocarbons. Water-soluble oxy­
genated molecules are not shown. Numbers 
preceded by “ OL” indicate percentages of olefins; 
“ Br”  is bromine number; “ OH” weight %  hy­
droxyl group; and “ CO”  weight %  carbonyl 
group as aldehydes, ketones and acids. The re­
sults in Fig. 2 for poisoning by H2S are complicated 
by the increase in temperature required to com­
pensate for decreased activity, which would he 
expected to change the selectivity in the same di­
rection. However, as shown in Fig. 3 for CS2- 
poisoning, for which the activity data were er­
ratic, a similar increase of products of low molecu­
lar »weight with increasing concentration of sulfur 
was observed for tests Z-139 and X-970, where the 
poisoned catalysts were operated at a lower 
temperatine than the un poisoned. Figure 3 also 
shows selectivity data for catalysts poisoned by 
COS. For tests X-980 and Z-9 the average molec­
ular weight of the products also decreased with 
sulfur content of the catalyst, although the syn­

thesis temperatures were only 4 and 8° greater 
than in control test X-843.

Sulfur poisoning increased the H2:CO usage 
ratio (moles H2 consumed/moles CO consumed) by 
a small amount. Since the usage ratio varies 
widely with conversion, only data for which the 
apparent C 02-free contraction was between 60 and 
65% were compared. Under these conditions for 
reduced catalyst D-3001 the usage ratios for the 
fresh catalyst averaged 0.70, compared with 
averages of 0.75, 0.74, 0.80, 0.76, and 0.81 for 
catalysts poisoned with H2S, COS, S02, C2H5SH, 
and CS2, respectively.

Chemical analyses of catalysts before and after 
synthesis indicated that in all cases little if any 
sulfur was removed during synthesis.

In addition to the tests of prepoisoned catalysts, 
4 samples of reduced D-3001 were used in the 
synthesis for 400-800 hr., removed from the re­
actor and extracted with heptane in a Soxhlet 
apparatus to remove most of the adsorbed wax, 
immersed in a solution of H2S in heptane, and 
tested in the synthesis with 1H2+ 1 C 0  gas at 21.4 
atm. When compared at equal amounts of sulfur 
per g. of iron, the relative activities of the poisoned- 
used catalysts in the initial period of synthesis 
were only about 20% of that of the prepoisoned 
catalyst. However, the surface area of the ex­
tracted used catalyst was about 0.75 m.2/g .



March, 1962 Studies op the Fischer-T ropsch Synthesis 505

Fe compared with 14.8 for the reduced catalyst.13 
The activity data for poisoning by the two methods 
at low sulfur concentrations may be brought into 
reasonable agreement if the sulfur concentration 
is expressed per unit surface area as shown below

Test
Sulfur concn., 

mg. S /m .2

Relative 
activity 

of poisoned- 
used catalyst

Relative activity of 
prepoisoned cata­
lyst at same concn. 
of sulfur per m .2

Z-50 0.24 0.28 0.36
Z-114 0.60 .12 .10
Z-177 2.79 .09 <.01
Z-87 3.90 .05 <.01

The activity of the poisoned-used catalysts, except 
for test Z-87, increased more than 2-fold during 
synthesis. Activity changes of this magnitude 
were not observed with any of the prepoisoned 
catalysts.

Discussion
The present experiments with prepoisoned cata­

lysts show that 10 mg. S/g. Fe will decrease the 
relative activity of reduced D-3001 to less than 
2%. At smaller concentrations S02 is a more ef­
fective poison than H2S, C2H5SH and COS.

Several estimates were made of the quantity of 
sulfur necessary to cover the iron surface with a 
monolayer and to react with the alkali present as a 
promoter. It was assumed that sulfur atoms ad­
sorb at specific sites, such as directly on top of 
iron atoms or in interstices between them. Ac­
cording to Pauling14 the radii of the covalent sulfur 
(S°) and sulfide ion (S*) are 1.04 and 1.84 A., 
respectively. Covalent sulfur is small enough to 
adsorb on each iron atom on the surface, but the 
sulfide ion can adsorb on only half of the iron atoms. 
Table I presents estimates of the amounts of each 
type of sulfur required to cover a surface composed 
entirely of iron or e-Fe2N. Estimates were made 
for -y-Fe and e-Fe2N to include the possibilities 
of iron being present in more closely packed struc­
tures on the surface or as nitrides, carbonitrides 
or carbides. Values for sulfide ion seem too low 
to account for our results without assuming the 
formation of multilayers or bulk sulfides. For 
calculations we have used the value for covalent 
sulfur on bcc-111, 0.74 mg. S/m .2. For reduced 
D-3001 and turnings L-2201 the surface areas were
14.8 and 0.83 m.2/g . Fe, and the calculated sulfur 
monolayers were 10.95 and 0.61 mg. S/g. Fe, 
respectively, assuming the surface is entirely 
covered with iron atoms.

Sulfur compounds also may react with the alkali 
promoter. On the basis of a stoichiometric re­
action with all of the alkali, the amount of sulfur 
required for D-3001 is 5.8 and 2.9 mg. S/g. Fe, 
if adsorbed as SH_ or HS03_, and S= or S03=, 
respectively. Corresponding values for turnings 
L-2201 are 0.93 and 0.47 mg. S/g. Fe.

Adsorption studies15'16 suggest that the surface
(13) K. C. Stein, G. P. Thompson, and R. B. Anderson, J. Phys. 

C h em 61, 928 (1957).
(14) L. Pauling, “ The Nature of the Chemical Bond and the Struc­

ture of Molecules and Crystals,”  2d Ed., Cornell Univ. Press, Ithaca, 
N. Y .t 1944, p. 450.

(15) S. Brunauer and P. H. Emmett, J. Am. Chem. Soc., 62, 1732 
(1940).

T a b l e  I

Su l f u r  R e q u ir e d  to  C  over  a n  I ron  Su r fa c e

Structure and face
bcc 100 and 110

111
fee 111

100

hep 001

as in 
cn-Fe

as in 
7-Fe

as in 
e-Fe2N

mg. S/m .2
S° (1.04 A.) S- (1.84 Â.)

0.65 0.325

.74 .37

.98 .49

.79 .40

of doubly promoted iron catalysts contains metallic 
iron, alkali promoter, and structural promoter. 
Chemisorption of carbon monoxide on reduced 
D-3001 at —195° suggests that about 45% of the 
surface is covered by iron atoms. On this basis, 
for example, if covalent sulfur is adsorbed on a 111 
face of bcc iron and all of the alkali reacts to form 
KHS, the sulfur required is (10.95 X .45) +  5.8 =
10.7 mg. S/g. Fe. A variety of other combinations 
can be chosen, and these usually lead to a lower 
concentration of sulfur for surface coverage. In 
studies of the ammonia synthesis, Temkin7 used 
a value of 0.5 mg. S/m .2, on the assumption that 
the entire surface was covered by FeS. Based on 
this value for surface coverage, Temkin calculated 
the number of monolayers required to cover the 
active surface as about 3.8, 1.8 and 5.0 for Fe- 
ALOs, Fe-Al20 3-K 20, and Fe-K 20, respectively. 
For the Fe-Al20 3-K 20  catalyst, the activity de­
creased to zero at 0.9 mg. S /m .2, which compares 
favorably with our value for the Fischer-Tropsch 
synthesis on D-3001 of 0.75.

The equal effectiveness of H2S and ethyl mer­
captan is not unexpected as ethyl mercaptan should 
decompose cleanly to ethylene, ethane and absorbed 
sulfur at the temperatures of poisoning and syn­
thesis. Two explanations may be offered for S02 
being the most effective poison tested: (a) the 
chemisorbed S02 may be larger than S° or S“ , and 
(b) S 02 may react with alkali to form S03=, 
whereas H2S and other «impounds may form SH~.

Adsorption studies in this Laboratory have 
demonstrated that the amount of C 02 chemi­
sorbed at —78° on iron catalysts decreases more 
rapidly than the amount of CO chemisorbed at 
— 195° when the catalyst, is prepoisoned with in­
creasing amounts of H2S. For reduced D-3001 
the addition of 7 mg. S/g. Fe as H2S decreased 
C 02 chemisorption by 91% and CO by 43%. 
These data suggest that the sulfur compounds are 
preferentially adsorbed on the alkali. In the 
present synthesis tests poisoned catalysts yield a 
product of lower average molecular weight and 
have a higher usage ratio than fresh catalysts, and 
the selectivity of iron catalysts varies in this di­
rection as the alkali content is decreased substan­
tially.

The amount of sulfur required to poison the 
catalyst to a given degree seems to be approxi­
mately proportional to the surface area at the time

(16) W. K. Hall, W. H. Tarn, and R. B. Anderson, ibid., 72, 5426 
(1950).
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of poisoning, as shown by comparison of poisoning 
of fresh and used catalyst D-3001 or prepoisoned 
turnings. Similarly in poisoning tests of used 
catalysts by synthesis gas containing trace amounts 
of sulfur compounds, now in progress, the quanti­
ties of sulfur for rather complete poisoning are of 
about the same magnitude as those reported here 
for the prepoisoned used catalyst.

In tests of reduced catalyst D-3001 prepoisoned 
by CS2 and COS and nitrided D-3001 prepoisoned 
with H2S, the activity was higher than expected, 
at times exceeding the activity of the unpoisoned 
catalyst, and disintegration of the catalyst often 
occurred at lower temperatures than observed in 
other experiments. The higher activities probably

are related to disintegration of the catalyst by 
excessive carbon deposition, which was not ob­
served for reduced catalysts poisoned with other 
sulfur compounds. Nevertheless, nitrided cata­
lysts poisoned with sulfur compounds in the 
synthesis gas also show greater resistance to 
poisoning.

Bashkirov and Barabanov17 observed that CS* 
decomposed on reduced iron at 200° to produce 
carbon and COS to CO and carbon. Ethyl 
mercaptan was less reactive and decomposed to 
ethylene and ethane. These results seem con­
sistent with our observations.

(17) A. N. Bashkirov and N. L. Barabanov, Doklady AJcad. Nauk 
S.S.S.R., 104, 854 (1955).

ACTIVITY COEFFICIENTS OF MANNITOL AND POTASSIUM CHLORIDE 
IN MIXED AQUEOUS SOLUTIONS AT 25°

B y  R. A. R o b i n s o n 1 a n d  R. H. S t o k e s

T h e D ep a rtm en t o f  C h em istry  o f  the U n iversity  o f  N ew  E n g la n d , A rm id a le , N .S .W - , A u s tra lia
Received September 27, 1961

From isopiestic vapor pressure data, equations are derived for the activity coefficients of both solutes in mixed solutions of 
mannitol and potassium chloride at 25°. The mutual salting-in is of similar magnitude to that for the system mannitol- 
sodium chloride-water.

In a previous paper,2 the isopiestic vapor pres­
sure method was applied to the ternary system 
mannitol-sodium chloride-water at 25°. The 
present note reports similar data for the system 
mannitol-potassium chloride-water. The ma­
terials and experimental technique were the same, 
except that in most of the measurements the refer­
ence solution was potassium chloride. The results 
are given in Table I, and analysis of these by the

T a b l e  1“
C = Potassium chloride; B =  mannitol

Mm! WIB m e — A/m B m c %  diff.
0.7066 0.1605 0.6177 0.0182 -0 .0 3

.4092 .4792 .0230 +  .03

.6479 .3441 .0242 +  .05
1.1414 .0618 .0113 -  .04

0.8760 0.2194 0.7565 .0307 +  .10
.4045 .6535 .0242 +  .04
.8018 .4290 .0218 +  .05

1.2279 .1821 .0094 -  .05

1.5791 0.3110 1.4161 .0211 -  .04
.4965 1.3174 .0225 -  .01
.7072 1.2041 .0233 +  .06
.9345 1.0783 .0226 +  .07

2.1999 0.4000 2.0010 .0231 -  .03
.5876 1.9055 .0227 -  .03
.7640 1.8136 .0210 -  .07

1.0410 1.6679 .0211 -  .03

2.5315 0.7473 2.1665 .0233 -  .02
0.9978 2.0379 .0224 -  .03

(1) National Bureau of Standards, Washington 25, D. C.
(2) F. J* Kelly, R. A. Robinson, and R. H. Stokes, J. Phys. Chem., 

65, 1958 (1961).

3.0169 0.3124 2.8746 .0269 -  .02
.5497 2.7630 .0257 -  .04
.8551 2.6157 .0241 -  .06

1.0233 2.5355 .0257 d- . 04

3.4415 0.2733 3.3214 .0262 -  .06
.5592 3.1947 .0275 -  .04
.8459 3.0617 .0257 -  .07

1.1077 2.9367 .0243 -  .09

4.3687 0.3983 4.2142 .0350 -  .02
.5742 4.1411 .0318 -  .04
.8673 4.0223 .0327 +  .04

1.1916 3.8824 .0308 +  .03

4.5078 0.3042 4.3879 .0283 -  .10
0.5924 4.2782 .0339 .00
1.1167 4.0626 .0332 +  .07
1.3906 3.9376 .0290 -  04

4.6509 0.3004 4.5328 0.0278 +  .13
.6118 4.4182 .0356 +  .03

1.1536 4.1973 .0332 +  08
1.4379 4.0715 .0306 +  .03

4.7198 0.3610 4.5879 .0397 +  .06
.5191 4.5261 .0375 +  .05
.6748 4.4658 .0367 +  .07

1.1056 4.2921 .0348 +  .13

4.5125* 1.2993 4.7271 .0360 +  .11
Mean ± 0 .0 5 %

“ Reference-electrolyte potassium chloride except in run 
marked *, where it was sodium chloride. A = 2 p retm Te! — 
niBifB0 — 2?nc<pc°- v  =  molal osmotic coefficient; p a0 — 
molal osmotic coefficient of B at molality o t b  in absence of 
C; <pc° =  molal osmotic coefficient of C at molality m e  in 
absence of B. “ Difference”  column gives the percentage 
accuracy with which the molality of the reference solution 
can be computed by equation 1.
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same methods as previously2 leads to the equa­
tions
_  / d In 7b\ _  _2 / d  In yc\ _

\ d me / ms \ d tob )  me
-A/(m„m<:) = 0.0216 +  0.0016toc +

0.00042mc2 -  0.0031tob (1)
log 7b = 0.00295tob +  0.00274»iB2 — 0.00940toc —

0.00035mo2 -  0.000061mc3 +  0.00135tobtoc (2)
log 7 o = log 7 c0 — 0.0047tob +  0.00034tob2 —

0.00035tobtoc — 0.00009otbtoc2 (3)
In these equations: tob =  molality of mannitol; 
me =  molality of potassium chloride; t b , y c  are 
the respective activity coefficients in the mixture; 
Yc° is the activity coefficient of potassium chloride 
at molality me in the absence of mannitol; and 
A is defined in Table I.

Calculations of the solubility of each solute in the 
presence of the other were made by the same method 
as in the previous paper,2 the calculated solubilities 
being given in Table II. Table III gives activity 
coefficients of both solutes at round concentrations. 
The salting-in of mannitol by potassium chloride 
is similar in magnitude to that by sodium chloride,

T a b l e  II
C a l c u l a t e d  S o l u b i l i t y  R e l a t i o n s  i n  t h e  S y s t e m  M a n ­

n i t o l  ( B ) - P o t a s s i u m  C h l o r i d e  ( C ) - W a t e r  a t  2 5 °

(a) Solutions saturated to mannitol
t o o  0  1 2  3  4  4 . 9 1 9 “

t o b  (sat) 1 . 1 8 5  1 . 2 0 7  1 . 2 3 2  1 . 2 6 2  1 . 2 9 7  1 . 3 3 5

(b) Solutions saturated to potassium chloride TOc(sat) =
4.810 +  0.082to.b

“ Saturated to both components.

T a b l e  III
A c t i v i t y  C o e f f i c i e n t s  o f  M a n n i t o l  ( B )  a n d  P o t a s s i u m  

C h l o r i d e  ( C )  i n  M i x e d  A q u e o u s  S o l u t i o n  a t  2 5 °

M B mC 0 1 2 3 4 4 . 8

0 T B 1 .0 0 0 0 . 9 7 8 0 . 9 5 3 0 . 9 2 7 0 . 8 9 7 0 . 8 7 1

T C 1 .0 0 0 . 6 0 3 g . 5 7 2 8 . 0689 , 5 7 6 8 , 5 8 7 9

0 . 3 T B 1 . 0 0 3 . 9 8 1 . 9 5 8 . 9 3 2 . 9 0 3 . 8 7 7

T C 0 . 9 9 6 7 . 6 0 1 6 • 5 7 0 5 . 5 6 6 3 . 5 7 3 8 . 5 8 4 6

0 . 7 T B 1 . 0 0 8 . 9 8 7 . 9 6 5 . 9 4 0 . 9 1 2 . 8 8 7

T C 0 . 9 9 2 g . 5 9 9 1 . 5 6 7 7 . 5 6 3 i . 5 7 0 i . 5 8 0 1

1 .0 T B 1 . 0 1 3 . 9 9 4 . 9 7 2 . 9 4 8 . 9 2 0 . 8 9 6

T C 0 . 9 9 0 0 • 5 9 7 2 . 5 6 5 6 . 5 6 0 7 • 5 6 7 3 . 5 7 6 9

1 .2 T B 1 . 0 1 8 . 9 9 8 . 9 7 7 . 9 5 4 . 9 2 7 . 9 0 2

T C 0 . 9 8 8 2 . 5 9 6 0 . 5 6 4 4 . 5 5 9 3 . 5 6 5 6 . 5 7 4 9

though its concentration-dependence is somewhat 
different.

So far, the solution has been considered as one 
containing two solutes, potassium chloride and man­
nitol, in water. It could equally well be considered 
as a solution of potassium chloride in the mixed 
solvent, water-mannitol. The data for yc in 
the column me =  0 of Table III are the activity 
coefficients of potassium chloride at zero salt 
concentration in various water-mannitol mixtures. 
They all are relative to unity in pure water. By 
the usual transform, they can be expressed as 
activity coefficients on the mole fraction scale. 
Thus fc  =  0.0034 in 1 M  mannitol at me =  0 
and this is what Owen3 calls the primary medium 
effect. The quantity represents the increment

2 RT Lim In f c
m e 0

in chemical potential when a mole of potassium 
chloride is transferred from a given mole fraction in 
water to the same mole fraction in the water- 
mannitol mixture, the transfer in this case being at 
the limit, me = 0. Simi ar increments in chemical 
potential for the transfer of hydrochloric acid from 
water to a mixed solvent can be calculated from 
the standard potential o: the cell: H2|HCl|AgCl, 
Ag. It is of interest to look at the magnitude 
of some of these energies of transfer. The following 
have been calculated

Solute Medium Cal. mole-1
KCl4 Ethylene glycol ' 5,600
NaCl4 Methanol 1,380
HC15 6 20% Dioxane 242
HCl« 10% Methanol 100
HCl7 10% Fructose 57.2
HCl8 20% Sorbitol 45
NaCl2 15.41% Mannitol“ 13.6
KCl 15.41% Mannitol 9.3
HCl8 5% Sorbitol -19 .4

“ A I M  solution contains 15.41 g. of mannitol/100 g. 
solution.

(3) B. B. Owen, J. Am. Chem. Soc., 54, 1758 (1932).
(4) J. K. Gladden and J. C. Fanning, J. Phys. Chem., 65, 76 (1961).
(5) H. S. Harned, J. Am. Chem. Soc., 60, 336 (1938).
(6) H. S. Harned and H. C. Thomas, ibid., 57, 1666 (1935).
(7) H. D. Crockford and A. A. Sakhnovsky, ibid., 73, 4177 (1951).
(8) H. D. Crockford, B. J. Alley, and C. S. Patterson, J. Elisha 

Mitchell Sci. Soc., 73, 284 (1957).
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THE CALCULATION OF ACTIVITY COEFFICIENTS FROM OSMOTIC
COEFFICIENT DATA1

By M. H. L i e t z k e  a n d  R. W. S t o u g h t o n  

Chemistry Division, Oak Ridge National Laboratory, Oak Ridge, Tennessee
Received September 28, 1961

A non-linear least squares method of fitting osmotic coefficient data in order to calculate activity coefficients is described. 
With this technique, the osmotic and activity coefficients of electrolytes can be expressed within the precision of the measure­
ments over wide ranges of concentration. The method is greatly to be preferred over graphical integration if a high speed 
computer is available to perform the calculations.

Several different semi-empirical equations have 
been considered for representing the logarithm of an 
activity coefficient over a wide range of concentra­
tion. Each equation involves a one parameter 
Debye-Huckel term plus two or three higher terms, 
each of which is the product of a parameter and a 
simple function of the ionic strength I. When 
any one of the activity coefficient equations is 
substituted into the Gibbs-Duhem relation and 
integrated analytically, a corresponding equation 
may be obtained for the osmotic coefficient in which 
each of the parameters retains its identity. Thus 
the parameters may be evaluated using a non-lineai 
least squares method from osmotic coefficient data 
and used to calculate activity coefficients vs. con­
centration, or vice versa. Since it is relatively dif­
ficult to get accurate osmotic coefficient data at 
low concentrations and since an integration from 
zero concentration is required to evaluate activity 
coefficients therefrom, the possibility of obviating 
some of the difficulty usually encountered in such 
graphical integrations has been investigated by 
the use of analytical methods using an IBM 7090 
computer.

When a single-parameter Debye-Huckel ex­
pression for the activity coefficient of an electrolyte

In = s V i
i +  a V i

G)

is differentiated and substituted into 
1 Cm

4> =  1 H---- / to d In 7 ± (2)m Jo
and the integration performed analytically, then 
the following expression for the osmotic coefficient 
<£ is obtained

* "  1 -  ¿ 7  [ (1 +  "

“ I ' + m i - i + T E j ]  (3)

For use at higher concentrations linear, quadratic 
and cubic terms may be added as

*  = 1 -  j q  [ (1 +  A l 'h )  -  2 In (1 +  A I 'A) -

I + W J  +  B I  +  C D  +  D P  (4)

The corresponding equation for the activity co­
efficient then becomes

(1) This document is based on work performed for the U. S. Atomic
Energy Commission at the Oak Ridge National Laboratory, Oak
Ridge, Tennessee, operated by Union Carbide Corporation.

In 7 ± svT
i +  a V i

+  (2 B )I  +  (3/2 C ) P  +  (4/3 D ) I 3

(5)
In equation 4 the parameters A, B, C and D  for 
any particular electrolyte may be evaluated by the 
method of least squares2 and the corresponding 
activity coefficients may be computed immediately 
using equation 5.

In order to determine how many parameters 
were needed to give a good fit with equation 4, the 
osmotic coefficients of NaCl (as listed by Robinson 
and Stokes3) were fitted both with and without a 
cubic term. At both 25 and 100° the inclusion 
of the cubic term produced a significantly better 
fit: the variance of the fit at 25° was 3.1 X 10“ 6 
without the cubic term and 1.2 X 10-7 with the 
cubic term; at 100° the variance of the fit was 1.2 
X 10-6 without the cubic term and 7.3 X  10~7 
with the cubic term. Hence all the calculations 
presented in this paper were performed with 
equation 4 as written.

In Table I are given the parameters describing 
the concentration dependence of the osmotic co­
efficients of a variety of electrolytes as well as the 
variances of fit. Most of the data were taken from 
Robinson and Stokes.3 However, the values for 
LiCl,4 LiBr,6 L il,4 KC1,4 KBr,5 RbCl,4 BeS046 
and UO2SO46 were computed from the original 
isopiestic molalities, while the values at 99.6° 
were computed from the isopiestic molalities re­
ported by Patterson, Gilpatrick and Soldano.7 
In all cases the value of S (the Debye-Huckel 
limiting slope) was taken as 1.17202 at 25°, 1.4107 
at 99.6°, and 1.4122 at 100° for a 1:1 electrolyte.

When the coefficients obtained by fitting osmotic 
coefficient data with equation 4 are used in equation 
5 it is not necessary to normalize any of the activity 
coefficients to a particular value at 0.1 m since the 
integration of equation 2 was performed analyti­
cally from m =  0. Thus the activity coefficients 
reflect better the differences between various salts 
(particularly the 2:2 sulfates). Calculations with 
25° data and equations 4 and 5 have shown that 
osmotic coefficients in the range 1-3 m can be used 
to calculate values of both osmotic and activity

(2) H. Margenau and G. Murphy, “ The Mathematics of Physics 
and Chemistry,”  D. Van Nostrand Co., Inc., New York, N. Y., 1956.

(3) R. A. Robinson and R. W. Stokes, “ Electrolyte Solutions,”  
Academic Press, Inc., New York, N. Y., 1955.

(4) R. A. Robinson and D. A. Sinclair, J. Am. Chem. Soc., 56, 1830 
(1934).

(5) R. A. Robinson, ibid., 57, 1161 (1935).
(6) R. A. Robinson, J. Chem. Soc., 4543 (1952).
(7) C. S. Patterson, L. O. Gilpatrick and B. A. Soldano, ibid., 

2730 (1960).
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T a b l e  I
P a r a m e t e r s  D e s c r i b i n g  t h e  C o n c e n t r a t i o n  D e p e n d e n c e  o f  t h e  O s m o t ic  C o e f f i c i e n t s  o f  a  V a r i e t y  o f  E l e c -

Electrolyte A B X 10»
TROLYTES 
C X 10s D X HR X 10« 0 Range, & m

NaCl 1.45397 2.23565
25°

9.30838 -  5.36209 0.12 0.006-6.0 m
Li Cl 1.48996 10.2909 6.04782 5.40012 5.91 .111-3.159
LiBr 1.24741 14.7940 -  0.61962 12.8635 6.09 .166-3.325
Lil 2.12556 13.8683 -  0.261474 40.7768 19.39 .120-3.152
KC1 1.30752 -  0.359188 7.17091 -  5.67500 1.46 .106-4.810
KBr 1.29231 0.994831 4.34095 -  3.50742 0.24 .100-5.000
RbCl 1.30240 -  2.05431 13.9445 -15.6796 74.82 .423-4.962
CaCl2 1.61291 4.56577 8.57310 -  2.73800 4.03 .002-6.00
MgCl2 1.60067 6.63253 9.00272 -  2.54526 15.01 .100-5.00
BaCL 1.59925 1.23161 8.81121 -  6.92099 0.84 .100-1.80
BaBr2 1.62543 3.81918 8.02100 -  5.19535 1.90 .100-2.00
Na2SO, 1.24072 -  6.58044 7.26282 -  1.94540 4.41 .100-4.00
BeS04 1.23250 -  1.54261 5.10411 -  0.945238 37.08 .102-4.286
U02S04 0.998119 0.399490 2.27077 -  0.563181 11.14 .113-6.371
MgS04 1.37486 -  5.42492 8.42636 -  1.89929 3.84 .100-3.00
MnS04 1.28920 -  5.47447 7.36518 -  1.56926 17.58 .100-4.00
NiS04 1.31677 -  7.20761 10.2081 -  2.45406 3.34 .100-2.50
CuS04 1.14652 -  2.25375 -  1.13297 6.24346 3.42 .100-1.40
ZnS04 1.27839 -  5.56227 7.60615 -  1.25189 5.67 .100-3.50
CdS04 1.20516 -  5.08061 7.00382 -  1.69009 4.52 .100-3.50

LiCl 1.36704 4.62413
99.6°

20.9758 -25.0075 8.03 0.950-3.845
KC1 1.87392 -  2.83699 19.5070 -21.7686 6.64 0.993-4.742
CsCl 1.40727 -  1.45738 10.1090 -  8.77824 18.53 1.018-4.924
BaCl2 1.17244 6.81811 -  7.60404 5.47538 17.97 0.714-2.199
Na2S04 2.18824 -11.0123 15.2961 -  7.04151 0.55 0.891-3.178
MgS04 1.58747 -  6.80762 6.51886 -  1.15772 10.90 1.901-4.753
U02S04 1.11309 -  2.11182 2.52142 -  0.580834 40.99 2.083-5.041

NaCl 1.55510 3.64784
100°

6.43661 -  7.13179 0.73 0.05-4.0
Variance of fit. b Range of concentrations used in 

fficients at lower concentrations with good

making the fit.

ac- 0.1, 0.2, 0.3 and 0.4. With the coefficients
curacy. Thus activity coefficients may readily 
be calculated over a wide range of concentrations 
from relatively few osmotic coefficient data. More­
over, the use of equations 4 and 5 is greatly to be 
preferred over graphical integration if a high­
speed computer is available to perform the non­
linear least squares fits. Care should be exer­
cised, however, in using the equations (particularly 
if a cubic term is included) for extrapolation to con­
centrations higher than those used in making the 
fit since fictitious points of inflection may be en­
countered in this region. The method also will 
fail if an electrolyte exhibits sufficient ion as­
sociation so that values of the osmotic coefficients

obtained the activity cojfficient of each salt was 
computed at 0.1 m. In the present work the os­
motic coefficients are fitted with equation 4 and those 
parameters are immediately chosen for any elec­
trolyte which satisfy the statistical criterion that 
SOAbs — 0c)2 be minimized. It is interesting to
i

compare the values of the activity coefficients at 
0.1 m computed in the present work with those 
reported by Guggenheim and Stokes for several 
electrolytes. These values are presented in Table 
II.

T a b l e  II
fall below the limiting slope at low concentrations.

The method of computation described in this 
paper represents a considerable extension over 
the method recently described by Guggenheim 
and Stokes.8 In their paper Guggenheim and 
Stokes demonstrated that a two-parameter equation 
was valid for CaCl2 solutions to m = 0.4. They 
then assumed that the two-parameter expressions 
were valid for other typical 2:1 and 1:2 electrolytes 
and chose the two parameters in each case to give 
the best fit of the isopiestic values at molalities

(8) E. A. Guggenheim and R. H. Stokes, Trans. Faraday Soc., 54, 
1646 (1958).

Values of the Activity Coefficient of 
Several Electrolytes at 0.1 m

7 (o ld )« 7 (G. a n d  S . )8 7 (p re s e n t  c a lc d .)

MgCl2 0 . 5 2 9 0 . 5 2 8 0 . 5 2 5

CaCl2 . 5 1 8 . 5 1 8 . 5 2 0

BaCl, . 5 0 0 . 5 0 8 . 5 0 9

BaBr2 . 5 1 3 . 5 1 7 . 5 1 9

Na2S04 . 4 4 5 . 4 5 2 . 4 4 8
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T h e  ca ta ly t ic  a c t iv it ie s  o f  s u p p o r te d  m e ta l h y d ro g e n a t io n  ca ta ly s ts  (n ick e l, p a lla d iu m , a n d  p la t in u m ) h a v e  b e e n  in cre a se d  
b y  h ig h  e n e r g y  ir ra d ia t io n . T h e  im p r o v e m e n t  so m e tim e s  e x c e e d e d  2 0 % .  A c t iv e  cen ters  a p p e a re d  t o  b e  b o t h  c re a te d  a n d  
d e s t r o y e d  b y  irra d ia tio n , th e  la tte r  e f fe c t  p o s s ib ly  in v o lv in g  an  a n n e a lin g  p ro ce ss . In  gen era l, th e  e n e rg y  re q u ire d  fo r  fo r m ­
in g  n e w  a c t iv e  cen ters  a n d  a lso  th e  s ta b i li t y  o f  th e se  cen ters  v a r y  d ir e c t ly  w ith  th e  te m p e ra tu re  re q u ire d  fo r  d iffu s io n  o f  th e  
a to m s  in  th e  su r fa ce  o f  th e  c a ta ly s t  m eta ls , w h ich  te m p e ra tu re  is a  fu n c t io n  o f  th e ir  m e lt in g  p o in ts .

Introduction
Lattice defects long have been considered to be 

possible sites of catalytic activity in solid surfaces. 
The creation of such active centers by high energy 
irradiation was proposed over 25 years ago.1 The 
introduction of defects into metals such as silver 
and copper by irradiation has been studied widely,2 
usually by measuring accompanying changes in 
the low temperature physical properties of the 
metals. The defects resulting from radiation 
tended to be annealed out as room temperature was 
approached.

Due possibly to their higher annealing tempera­
tures, the first catalysts successfully activated by 
irradiation were oxides. In 1955, the irradiation 
of silica gel with fast neutrons was reported to 
increase its activity in catalysis of double bond 
isomerization in hexene.3

Thermal neutrons produced a variety of effects 
on oxide catalysts for the decomposition of nitrous 
oxide.4 The activity of nickel oxide was slightly 
reduced. That of alumina was increased or de­
creased depending on whether B20 3 or Li20  was 
added and that of stannic oxide showed a marked 
increase.

Some progress also has been made in the radiation 
activation of metal catalysts. Three develop­
ments seem particularly pertinent.

Deuteron irradiation of copper catalysts for 
the decomposition of formic acid (zero order) 
altered both the frequency factor and the energy 
of activation of the reaction.5

Argon ion bombardment of single crystal silver 
catalysts for the same reaction also changed both 
frequency factor and activation energy. The radia­
tion effects differed with the energy of the radiation 
and with the crystal face bombarded (111, 110 
and 100) and a compensation effect was observed.6

The activity, for hydrogenation of ethylene, of a 
nickel surface cleaned by heating to 800° followed 
by positive ion bombardment was much greater 
immediately after bombardment than that of a 
similar sample cleaned by heating alone. How­
ever, this enhanced activity was short lived; and, 
after annealing at 600° for 1 minute, the activity 
approached zero.7

(1) P. Günther, Ergeh, tech. Roentgenkunde, 4, 100 (1934); Chem. 
Abstr., 30, 40937 (1936).

(2) J. W. Glen, Advances in Phys., 4, 381 (1955).
(3) P. B. Weisz and E. W. Swegler, J. Chem. Phys., 23, 1567 (1955).
(4) Y . Sailo, Y. Yoneda, and S. Makishima, Nature, 183, 388 

(1959).
(5) C. C. Roberts, A. Spilners, and R. Smoluchowski, Bull. Am. 

Phys. Soc., Series 2, 3, 116 (1958).
(6) H. M. C. Sosnovsky, J. Phys. and Chem. Solids, 10, 304 (1959).

It was hoped, in undertaking this investigation, 
that the higher melting points of nickel, palladium 
and platinum and the accompanying greater resist­
ance to surface diffusion would result in improved 
stability of active centers generated by radiation.

Experimental
(A) Catalysts.— Three different catalysts were employed 

in this investigation, nickel (30%) on Filter-Cel, platinum 
(1% ) on an active carbon (Darco G-60), and palladium (5%) 
on a carbon black (Shawinigan Acetylene Black). The 
nickel catalyst was prepared by precipitation of the basic 
carbonate on Filter-Cel followed by reduction with hydro­
gen.8'9 The palladium and platinum catalysts were pre­
pared by precipitation of the noble metal on the substrate 
as the hydroxide followed by reducton to the active metallic 
form with formaldehyde.10

(B) Radiation.— /3-Radiation at 2 mev. and 10 watts/cm.2 
and also at 3 mev. and 15 watts/cm.2 was obtained from the 
Van de Graaff generators of the Du Pont Central Research 
Department through the courtesy of Dr. R. D . Souffle.

1-2 mev. X-radiation also was obtained from a Van de 
Graaff generator by allowing the e~ beam to impinge on a 
2 mm. gold target. Dosage wras estimated (from measure­
ments on comparable samples) at 700 rad/sec.

Deuteron radiation at 15 mev. and 20 pa,, was obtained 
from the cyclotron in the Radiation Laboratory of the 
University of Pittsburgh, Professor A. J. Allen, Director.

Irradiation with neutrons at a flux of 1012 n/pamp./cm.2/ 
sec. and a current of 10 ,uamp. was carried out in the same 
cyclotron using a beryllium target.

Measurement of Catalyst Activity.— The activity of the 
nickel catalysts before and after irradiation was determined 
from the rate of hydrogenation of nitrobenzene in iso­
propyl alcohol at 100° and 500-400 p.s.i.g. H2 in stainless 
steel equipment. The first drop and the last few drops were 
disregarded to eliminate effects of the initial induction period 
and the nitrobenzene concentration fall-off at the end. 
In other words, only those drops were used which showed a 
constant time for the 100 p.s.i. drop.

Activities of the palladium and platinum catalysts were 
determined from the rates of hydrogenation of p-nitro- 
toluene in glacial acetic acid. Again, only that part of the 
reaction period was used which showed a constant rate of 
hydrogen uptake.

Results
The experimental results are presented in Table I. 
Nickel Catalyst (30% Ni on Filter-Cel).—The 

activity of the nickel catalyst was appreciably 
improved by a very brief ^-irradiation and then 
decreased with continued exposure. The active 
centers produced by irradiation were unstable. 
The activity of the sample decreased rapidly, 
until after one week all of the gain plus some of the

(7) R. F. W oodcock and H. E. Farnsworth, Phys. Rev., 98, 1152
(1955).

(8) L. W , Covert, R . Connor, and H. Adkins, J. Am. Chem. Soc., 54, 
1651 (1932).

(9) H. Adkins, “ Reactions of Hydrogen with Organic Com ­
pounds over Copper-Chromium Oxide and Nickel Catalysts,”  The 
University of Wisconsin Press, 1937, p. 19.

(10) J. M . Hamilton, U. S. 2,857,337 (October 21, 1958).
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T a b l e  I
E f f e c t s  o f  R a d i a t io n  u p o n  C a t a l y s t  A c t i v i i y

Radiation

Ex­
posure,

sec.

'-----%  Change in activity----- -
Pal- Plati- 

Nickel ladium num
2 m e v .  ß  a t  1 0  w a t t s / 1.1 +  3 1

cm.2 5 . 5 +  1 4
11.0 -  14
5 5 . 0 +  2

110 -  2 5 +  1
2 7 5 +  6
6 6 0 +  1 0
7 3 0 -100

1 0 2 5 +  13
1100 -100 -1 1

3  m e v .  ß  a t  1 5  w a t t s /  
c m . 2

6 0 0
6 6 0 +  2

/  +  13  
1 + 1 6

1 t o  2  m e v .  X - r a y s 6 0 0 +  2 6 +  7 +  2
( d o s e  a p p r o x .  7 0 0  
r a d / s e c . )

6 0 0 0 +  5 +  3 +  3

N e u t r o n s  a t  1 0 13 u / 6 0 0 -1 1
c m . 2 p e r  s e c . 1 8 0 0 +  16

D e u t e r o n s  a t  1 5  m e v . 3 0 +  3
a n d  2 0  ¿ta m p . 6 0 +  2

original activity had been lost. Irradiation thus 
produced centers of catalytic activity in the 
nickel lattice and at the same time destroyed other 
active centers.

Qualitatively, comparable results were obtained 
with X-radiation, possibly involving the action of 
secondary electrons.

Palladium Catalyst (5% Pd on Carbon Black).— 
2 Mev. /3-radiation increased the activity of 
palladium catalysts with increasing dosage up to 
a maximum increase of 13%. This consistency 
was not obtained with other kinds of irradiation, 
the gain varying between 2 and 16% (plus one loss 
of 11%).

Palladium responded to irradiation more slowly 
than did nickel but the resulting activity lasted 
longer. Palladium catalyst which had been sub­
jected to the most extended irradiation lost activity 
on storage at an initial rate of about 10% per month. 
In some cases, as with nickel, the activity eventually 
dropped to a level below that of the unirradiated 
standard, indicating again that some original 
active centers were destroyed by irradiation while 
new, and to some degree less stable, centers were 
being formed.

Platinum Catalyst (1% Pt on Active Carbon).— 
/3- and X-radiation at the 2 mev. level had negligible 
effect on the activity of the platinum catalyst. 
However, 3 mev. /3-radiation produced a significant 
gain in activity. Furthermore, the increase in 
activity was more stable than that of the irradiated 
palladium catalysts. The initial rate of decay 
of the activity of these irradiated platinum cata­
lysts was only about 2% per month.

Stability of Activity and Ease of Surface Dif­
fusion.— It has been reported that diffusion in 
the surfaces of solids becomes appreciable at 
temperatures above 0.23Tm, in which Tm is the 
absolute melting point.1: In nickel, palladium
and platinum, the values of 0.237% are 400, 420 
and 470°K. The energy required for generating 
or augmenting catalytic activity in these metals 
by irradiation and the subsequent stability of the 
radiation induced activity both follow this same 
sequence. It therefore siems probable that the 
generation of active centers involves the creation 
of lattice defects and that :he decay of this activity 
is due to annihilation of these defects by surface 
diffusion or annealing.

(11) G. F. Hiittig, “ M etal Treatment,”  1938; see also T . J. Gray, 
“ The Defect Solid State,”  Interscience Publishers, New York, N. Y ., 
1957. p. 77.

HEATS OF IMMERSION. II. SILICA-BENZENE AND 
SILICA-CYCLOHEXANE
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Socony M ob il Oil Com pany, In c., Field Research Laboratory, Dallas, Texas 
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Immersion heats ( A l i i )  are given for three silica gels and a particulate amorphous silica in benzene and cyclohexane. 
Contrary to previous reports, AH\ values are not comparable for all silica gel samples. Values of A H i ranging from 75 to 
160 ergs/cm.2 are encountered in dry benzene. For each material there is a characteristic immersion heat dependence on 
surface hydration determined by the nature of the bound water and by its disposition. AH i values in benzene can increase 
or decrease with decreasing surface hydration depending on the relative contribution of comombic and dispersion forces. 
Given favorable hydroxyl site distribution, coulombic interaction energies obtained from the immersion data are in agree­
ment with calculated values for the OH group-x electron interaction. The influence of trace quantities of water in benzene 
is shown to depend on the rehydration characteristics of the silica surface. Immersion heats _n cyclohexane show little de­
pendence on surface hydration but are not independent of individual surface character. A L i  values range from 30 to 85 
ergs/cm.2 in dry cyclohexane.

Introduction
The surface structure of silica is quite complex. 

Infrared absorption studies on amorphous silica 
have indicated the presence of molecular water, 
widely spaced, non-interacting hydroxyl groups, 
and closely spaced hydroxyl groups with inter­
actions between such groups.1 The condensation

of these latter hydroxyl groups at elevated tempera­
tures, producing oxide sites, is widely recognized.2 
Brunauer, Kantro, and Weise3 have determined

(1) R. S. M cDonald, J. Phys. C’.iern., 62, 1168 (1958).
(2) R. K . Iler, “ The Colloid Chemistry of Silica and Silicates,”  

Cornell Univ. Press, Ithaca, N, Y ., 1955, p. 242.
(3) S. Brunauer, D . L. Kantro, and C. H. Weise, Can. J. Chem., 34, 

1483 (1956).
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the average energy required for such surface de­
hydration from heat of solution measurements. 
Recent work from this Laboratory4 has shown 
that heats of immersion in water reflect the re­
hydration properties of oxide sites and the hydrogen 
bond interaction between adsorbed water and sur­
face hydroxyl sites. Rehydration energies, ob­
tained from the variation in immersion heat with 
hydroxyl content, confirm the average values 
reported,2 but also reflect the differences in disposi­
tion and stability of hydroxyl and bound water 
sites. In addition, immersion heats in water dem­
onstrate the partial stabilization of oxide sites due 
to strain relief during outgassing at elevated 
temperatures. Incomplete rehydration of such 
stabilized sites negates the application of aqueous 
immersion heat data to the detailed characterization 
of surface structure. Immersion fluids specific 
to the functional surface groups and their disposi­
tion but incapable of extensive surface structure 
modification must be utilized.

Kiselev6 has shown that heats of adsorption for 
benzene on silica gel decrease with decreasing 
silanol surface content and has suggested that the 
adsorption of benzene on the silica surface is 
specific, involving the interaction of tt electrons of 
the benzene molecule with surface hydroxyl groups. 
Gregg and Wheatley6 have determined the heat 
of adsorption of benzene on alumina, reaching the 
conclusion that maximum interaction energies 
are encountered for surfaces of intermediate hy­
dration state. The alumina surface is considered 
to consist of oxide and hydroxyl sites analogous 
to the silica surface.

Although the results of Kiselev and those of 
Gregg and Wheatley are in apparent contradiction, 
the interactions of benzene on oxide-hydroxyl 
surfaces is of considerable interest since, from im­
mersion heat data, the variation of thermodynamic 
functions with coverage for adsorbed molecules 
can be obtained on stable surfaces of varying 
hydroxyl content. Prior to undertaking such stud­
ies the interaction of benzene on oxide-hydroxide 
surfaces should be clarified. Immersion heats in 
benzene have been obtained as a function of sur­
face hydration state for three amorphous silicas 
and for Cabosil, a flame hydrolyzed particulate 
silica of low surface hydroxyl content. All of 
these materials have been the subject of surface 
study by other techniques1’3.4 and are becoming 
increasingly well characterized.

Immersion heats in cyclohexane are of interest 
in confirming the non-specific interaction of a 
saturated ring with surface hydroxyls.

Experimental
The calorimeter used in these studies has been described 

in detail.7 It was modified for hydrocarbon studies only by 
the substitution of Teflon “ O”  rings for the neoprene rings 
used in the lid seals and by the addition of a container for 
drying agent. Immersion fluids were Eastman spectro-

(4) J. W. Whalen, “ Solid Surfaces and the Solid Gas Interface,”  
Advances in Chemistry No. 33, 1961, p. 281.

(5) A. V. Kiselev, “ Colston Papers 10,” Butterworths Publ. Ltd., 
London, 1958, p. 195.

(6) S. J. Gregg and K. H. Wheatley, “ Proc. Sec. Intern. Congr. on 
Surface A ctiv ity 'll,"  Butterworths Sci. Publ., London, 1957, p. 102.

(7) J. W. Whalen, J. Phys. Chem., 65, 1676 (1961).

seopic grade benzene and cyclohexane used without further 
purification other than the removal of trace quantities of 
water. Initial drying was accomplished by filling the re­
action calorimeter with fluid passed through a Linde 5A 
Molecular Sieve column. After insertion of the sample for 
immersion a small wire basket (1 cm. diameter by 3 cm. 
long) filled with activated 5A sieves was positioned in the 
sample holder below the sample. The calorimeter system 
was stirred until drying was complete, as indicated by the 
absence of heat evolution associated with the drying process. 
With an initial filling of the calorimeter it often was necessary 
to replace the Molecular Sieves with a freshly activated 
charge and repeat the drying process. Once dried the im­
mersion fluid was used for a series of experiments, replacing 
the Molecular Sieves with freshly activated material for 
each immersion sample. Activation of the sieves was 
accomplished by heating in a stream of dry nitrogen at 300°.

The amorphous silicas used in this work have been de­
scribed previously4 with one exception. Previous desig­
nations, silica SB (353 m.2/g.), silica SL (665 m.2/g.), 
silica PS (746 m.2/g.) are retained in this paper. In addi­
tion to these materials, Cabosil (188 m.2/g.) supplied by 
Godfrey L. Cabot Company was used without further 
treatment other than thermal outgassing. Thermal out- 
gassing and surface dehydration was accomplished by evacu­
ation under selected thermal conditions between 110 and 
400° until a residual pressure of 10 “6 mm. was attained. 
Surface areas were obtained over the 110-400° thermal 
pretreatment range by BET treatment of nitrogen adsorp­
tion data. No evidence of sintering at these temperatures 
was encountered except for a decrease in the indicated sur­
face area of silica SL from 665 to 650 m.2/g. at approximately 
200°. Further decreases at 300 and 400° were not en­
countered. Slightly higher surface areas for silica SL and 
silica SB reported by Brunauer, Kantro, and Weise,3 
together with an indication of slight sintering (an approxi­
mate 10% decrease in surface area) at 200° may be due to 
slightly different characteristics between batches. In 
view of the over-all accuracy of the surface area determi­
nation, the hydration state of the silica surface, and the 
immersion heat determination, the noted variation in silica 
SL surface area was considered to be insignificant.

Results and Discussion
The immersion heats for the four amorphous 

silicas studied are shown as a function of sample 
pretreatment temperature in Fig. 1. The im­
mersion heat values show a wide variation, ranging 
from 80 to 160 ergs/cm.2 for the several materials 
in their original surface states following 110° out­
gassing. Only fragmentary data are available 
for comparison. Harkins and Boyd8 report 150 
ergs/cm.2 for the immersion heat of quartz in 
dry benzene. Quartz is believed4.9 to present a 
predominately hydroxyl surface, analogous to the 
silica gel surface, to the immersion fluid. Bartell 
and Suggitt10 report 97 and 100 ergs/cm.2 for 
Linde silica powder and a “ commercial silica gel.”  
Our data do not support the conclusion drawn by 
Bartell and Suggitt regarding the single valued 
nature of benzene immersion heats on silica. 
The state of surface hydration, in OH groups per 
100 A .2, is indicated at each experimental point 
for the three materials (silicas SB, SL, and SF) 
previously characterized. The bound water loss 
for these materials was obtained gravimetrically. 
Total bound surface water initially present on 
silica SB, indicated as equivalent hydroxyl sites 
in Fig. 1, was shown4 to consist of 2.2 water mole­
cules and 7 hydroxyl sites per 100 A.2. In view

(8) W. D. Harkins and G. E. Boyd, J. Am. Chem. Soc., 64, 1195 
(1942).

(9) A. C. Makrides and N. Hackerman, J. Phys. Chem., 63, 594 
(1959).

(10) F. E. Bartell and R. M, Suggitt, ibid., 58, 36 (1953).



March, 1962 H e a t s  o f  I m m e r s io n  o f  S il ic a - B e n z e n e  a n d  S il ic a - C y c l o h e x a n e 513

of the complex nature of the Cabosil surface,1 
including the possible presence of organic contami­
nation, and the very low condition of surface hy­
dration, the gravimetric procedure is not regarded 
as reliable for this material. Infrared absorption 
studies11 have shown that low hydroxyl concentra­
tions, anticipated on the basis of the preparation 
procedure (flame hydrolysis), do prevail. Other 
workers12'13 have found hydroxyl concentrations 
ranging from 1 to 3 OH groups per 100 A.2 on this 
and similar flame hydrolyzed silicas.

The Fig. 1 immersion heat data are characterized 
by a region of decreasing immersion heats accom­
panying a decrease in surface hydroxyl content. 
The regions of decreasing immersion heat do not 
correlate with specific surface hydroxyl content 
or with the sample pretreatment temperature, 
although the general correspondence is better 
with pretreatment temperature. These observa­
tions are in general agreement with conclusions 
reached as a result of the immersion heat studies 
in water, where interaction energies involving 
hydroxyl groups were shown to be related to 
the disposition of surface hydroxyls, and thus to 
the ease with which condensation can be accom­
plished. The immersion heat data for Cabosil 
will be discussed outside the framework under 
which the gels are discussed in view of the low 
surface hydroxyl content and the probable presence 
of functional groups other than hydroxyl.

The entropy values calculated by Gregg and 
Wheatley6 from their adsorption heat data on 
alumina correspond to those for a model suggested 
by Kemball,14 in which the benzene molecule has 
two degrees of translational freedom and an addi­
tional degree of rotational freedom in the plane 
parallel to the surface. The decline in heats of 
adsorption on hydroxyl depleted silica surfaces, 
as compared to the calculated coulombic energy of 
interaction between a hydroxyl group and the w 
electrons of a benzene molecule, has led Kiselev 
to suggest a model in which a benzene molecule 
lies flat on the surface, situated over a hydroxyl 
group. The value calculated by Kiselev16 for 
this interaction, 4-6 kcal./mole, is in reasonable 
agreement, 2-3 kcal./mole, with that obtained 
from adsorption heat data.

For the three gels, declining immersion heats in 
regions of decreasing silanol content confirm 
Kiselev’s suggestion that the OH group-7r electron 
bond is a major interaction source. For silica SB 
the decline in immersion heats occurs over the 
range 2.2 to 0 water molecules per 100 A.2, for 
silica SL the range over which immersion heats 
decrease is 3.1 to 1.7 hydroxyl groups per 100 A.2, 
and for silica SF, 4.8 to 2 hydroxyl groups per 
100 A.2. Over these regions the immersion heats 
decline as an approximately linear function of the 
hydroxyl content. Excess interaction energies 
associated with the hydroxyl nature of the site

(11) G. J. Young and T. P. Brush, J. Colloid Sci., 15, 301 (1960).
(12) W. H .  Wade, R .  L. Every, and N. Hackerman, J. Phys. Chora,, 

64, 355 (1960).
(13) G. J. Young, J. Colloid Sci., 13, 67 (1958).
(14) C. Kemball, Proc. Roy. Soc. (London), A 1 8 7 , 73 (1946).
(15) A, V. Kiselev and D. P. Poshkus, Doklady Akad. Nauk, S.S.S.R., 

120, 834 (1958).

PRETREATMEN-  TEMP., DEG C.
Fig. 1.—Immersion heats of amorphous silica materials 

in dry benzene.̂  Total bound surface water content, OH 
groups per 100 A.2 (ref. 4), indicated for each point.
(as opposed to sites remaining on removal of 
bound water or condensât: on of hydroxyl groups) 
are obtained from the slope of the linear curve. 
These values are 2.6 X 10-13, 1.7 X  10-13, and 
0.4 X 10-13 ergs per site for silicas SB, SL, and 
SF, respectively. Kiselev s calculated value for 
the coulombic interaction energy of a single hy­
droxyl site with a benzene molecule (4-6 kcal./ 
mole) is equivalent to approximately 3.5 X 10-13 
ergs per site. Kiselev’s model is quite crude, as is 
required in the face of the complexity involved in 
considering all interactions and does not consider, 
except in discussion, the effects of increasing dis­
persion forces on interaction energies as the cou­
lombic interaction decreases.

Among the surfaces investigated only silica 
SB and silica SL yield values in general agreement 
with those predicted by the Kiselev-Poshkus 
model. For one-to-one correspondence between 
benzene molecules and act ve surface sites (bound 
water molecules or hydroxyl groups) the density 
of such sites should not^exceed the equivalent of 
3 OH groups per 100 A .2. Both silica SB and 
silica SL fall within this range, silica SB having 2.2 
to 0 water molecules and silica SL having 3.1 to
1.7 hydroxyl groups per 100 A.2. The hydroxyl 
content of silica SF (4.8 to 2 OH groups per 100 
A.2) exceeds the geometric illy required value over­
much of the range of decreasing immersion heat. 
Non-compliance with the one-to-one correspondence 
required by the Kiselev-I oshkus model, whether 
due to a high site density or to non-uniform site 
distribution, would resuit in interaction energy 
values in disagreement with those predicted by the 
model.

The extremely high interaction energy of benzene 
with the Cabosil surface is unexpected in view of 
the low surface hydroxyl content. The sharp 
decline in immersion heat following outgassing 
in the 300-400° temperature range, together with 
reported infrared studies, suggest that the inter­
action is due to the presence of organic contamina­
tion on the surface. The removal of at least a
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Fig. 2.—Heats of immersion of silica SB and silica SL in 
benzene dried by silica gel. Immersion heats, silica SB . . . ., 
and silica SL----- , in water (ref. 4) are shown for comparison.

portion of this material during high temperature 
outgassing procedures has been observed1 and 
would appear to be confirmed by the close ap­
proach of the immersion heat for Cabosil outgassed 
at 400° to that obtained for silicas SL and SF under 
the same thermal treatment conditions. Fly- 
droxyl contents of all silicas are believed to o be 
quite low, less than 0.5 OH group per 100 A .2, 
under these conditions. The presence of adsorbed 
water tightly enough bound to withstand thermal 
outgassing is indicated by the immersion heat 
values over the 110-200° range. In this respect 
the Cabosil surface resembles that of silica SB.

In addition to the regions of hydroxyl or bound 
water content over which the interaction energy 
decreases with decreasing OH content there is, 
for silica SB, silica SL, and Cabosil, a region over 
which the heat of immersion increases with de­
creasing hydroxyl content. There is not complete 
correspondence between the immersion heat in­
crease and the total bound water content, although

for silicas SL and SB the region corresponds roughly, 
i.e., from 6.2 to 4 OH groups per 100 A .2 for silica 
SB and from 5 to 3.1 OH groups per 100 A.2 for 
silica SL. However, as previously noted, Cabosil 
contains no more than two and probably only one 
OH group per 100 A.2 over this region. The be­
havior, best defined for silica SB, seems rather to 
be related to increasing interactions which occur 
during the initial stages of surface dehydration 
following the removal of bound water molecules. 
The silicon-oxygen sites exposed by the dehydra­
tion process now offer new interaction sites to 
benzene molecules, but sites which apparently 
do not allow the molecule to assume a minimum 
distance of approach because of surrounding hy­
droxyl sites and interacting benzene molecules. 
Following the initial hydroxyl group condensation, 
however, these sites are enlarged to the point where 
maximum dispersion interaction is accommodated, 
with significant increases in total interaction energy. 
Again the actual disposition of hydroxyl groups 
would be controlling in this process rather than the 
total number.

The above considerations may well explain 
the apparent contradiction which exists between 
the previously mentioned studies of Gregg and 
Wheatley6 and those of Kiselev.6 Gregg and 
Wheatley report that maximum interaction be­
tween benzene and alumina is encountered for 
alumina surfaces which are only partially hydroxy- 
lated. Kiselev reports continuously decreasing 
interaction as the hydroxyl content of silica surfaces 
is decreased. Rather than demonstration of a 
basic difference in interaction mechanism, the 
data reported herein suggest that the experiments 
of Gregg and Wheatley may have been obtained 
over a hydration region in which the dispersion 
forces between benzene and the alumina structure 
were just becoming of importance.

Figure 2 demonstrates the importance of work­
ing with dry immersion fluids. Some previous 
workers have dried non-aqueous immersion fluids 
with silica gel.10.16 Other elaborate drying pro­
cedures also have been used8.17 but there has been 
little effort to ensure dryness of the fluid from the 
time of assembly to the time of breaking the sample.

In preliminary studies with benzene and other 
non-aqueous immersion fluids, immersion heats 
higher than those anticipated and with point 
scatter entirely outside our experience suggested 
that the drying technique being used was unsatis­
factory. The technique, recommended by Bartell 
and Suggitt,10 consisted of placing a large quantity 
of dried silica, in the same surface state as the im­
mersion sample, into the calorimeter just prior to 
assembly. Although the immersion fluid ini­
tially was dry, the amount of atmospheric water 
vapor diffusing into the system prior to and 
during the run apparently was sufficient to satu­
rate the drying agent. This problem was solved, 
very satisfactorily, by continuous drying using 
Molecular Sieves.

(10) C. M . Hollabaugh and J. J. Chessick, J. Rhys. Chem., 65, 109 
(1961).

(17) F, H. Healey, .1. J. Chessick, A. C. Zettlemoyer, and G. J. 
Young, ibid., 58, 887 (1954).
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The Fig. 2 data were obtained during the studies 
described above. They are most striking from 
the standpoint that immersion heats higher than 
those encountered in either water or dry benzene 
were obtained for silica SB. Harkins and Boyd8 
report that immersion heats in benzene containing 
trace quantities of water approach those in water. 
Our data show this to be true only for silica SB 
at the point of complete surface hydration. Silica 
SL, which has a reasonably small rehydration 
tendency, does not show significant point scatter 
and yields immersion heat values intermediate 
between those in water and in dry benzene. Im­
mersion heats in wet benzene for silica SB reach 
a maximum at approximate correspondence to 
the removal of bound water molecules. The 
affinity of the silica surface for water in this form 
is obviously quite high. Although the quantity 
of water in the benzene was uncontrolled, the 
partial drying by silica gel should have maintained 
a sufficiently low water content to ensure incomplete 
hydration of the surface. This was demonstrated 
by a single immersion run using benzene saturated 
with water. Immersion heats in excess of 300 
ergs per cm.2 were obtained, confirming the low 
water content present in previous runs. As such 
experiments are not subject to close control the 
work was not extended. The data suggest that 
immersion heats in organic fluids containing w'ater 
represent the sums of energy changes associated 
with rehydration, water molecule-hydroxyl group 
hydrogen bond interactions, and benzene-adsorbed 
water interactions.

Figure 3 presents immersion heats of the four 
amorphous silicas in cyclohexane. Here the ab­
sence of any unsaturation in the cyclohexane mole­
cule, particularly of the aromatic character, does 
not offer coulombic interaction possibilities such 
as were encountered with benzene. Dispersion 
forces are the effective mechanism for adsorption 
over the entire surface and only insignificant effects 
would be anticipated on decrease of the degree of 
surface hydration. These expectations are con­
firmed with immersion heats ranging from 27 to 
45 ergs per cm.2. Only silica SB indicates signifi­
cant dependence of immersion heat on. hydroxyl 
content. The influence of hydroxyl content on 
the cyclohexane interaction energy is confined to 
the region for which hydroxyl group condensation 
occurs. The immersion heat of Cabosil in cyclo­
hexane is essentially constant over the pretreatment 
temperature investigated except for an initial 
decrease from 83 to 75 ergs per cm.2 in the region 
110-200°, where the removal of strongly adsorbed 
water is probable. The immersion heats are ap­
proximately double those for the silica gel samples. 
Although this may be a reflection of the presence 
of organic functional groups on the Cabosil surface 
as observed by McDonald,1 the immersion heat

PRETREATMENT TEMP., DEG C.
Fig. 3.—Immersion heats of amorphous silica materials in 

dry cyclohexane.

data in benzene indicate removal of such surface 
impurity at high outgassing temperatures. Im­
mersion heats for Cabosil in cyclohexane show no 
tendency to approach the values obtained for the 
remaining silicas following 400° outgassing.

Conclusions
1. Heats of immersion of amorphous silica sur­

faces in dry benzene are found to range from 70 
to 160 ergs per sq. cm. depending on the surface 
silanol content and on the disposition of silanol 
groups.

2. Although the general tendency is toward a 
decrease in immersion heats with decreasing hy­
droxyl content, there are limited regions of de­
creasing surface hydration over which slight 
increases in immersion heats are observed with 
some materials.

3. The coulombic interaction energy for a ben­
zene molecule and a surface hydration site may be 
obtained from the variation in immersion heat with 
surface bound water content. These values range 
from 2.6 X 10“ 13 to 0.4 X 10-13 ergs per site de­
pending on the nature of the surface hydration.

4. Immersion heats of dehydrated silica samples 
in benzene containing trace quantities of water 
may exceed the heats observed in pure water.

5. Immersion heats in cyclohexane are essentially 
constant over wide ranges of surface hydration.

6. From the standpoint of immersion heats the 
Cabosil surface is anomalous. High immersion 
heats in both benzene and cyclohexane for Cabosil 
may result from the presence of functional surface 
groups other than hydroxyl groups.

Acknowledgment.—The author expresses ap­
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perimental work and to Socony Mobil Oil Com­
pany, Inc., for permission to publish the results of 
this study.
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SPECTROPHOTOMETRIC EVALUATION OF ACTIVITY COEFFICIENTS IN 
AQUEOUS SOLUTIONS OF SULFUR DIOXIDE
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Ultraviolet absorption spectrophotometry was used for the evaluation of mean molar ionic activity coefficients for aqueous 
solutions of sulfur dioxide. Although the chemical constitution of such solutions is not yet completely elucidated, the best 
evidence available in the literature from ultraviolet and infrared spectral studies indicates that the simple model S02, H20 

H+ +  HS03_, appears to be the most likely. From this model and experimental data acquired by ultraviolet spectro- 
photometric measurements on aqueous sulfur dioxide solutions of concentration range 3.27 X 10 " 3 to 12.6 X  10_s M ,  mean 
molar ionic activity coefficients have been obtained for the hydrogen and bisulfite ions. These activity coefficients, to a pre­
cision estimated at 1%, are successfully correlated by a semi-theoretical equation for weak electrolytes.

Introduction
Early investigations1-5 of the ultraviolet absorp­

tion spectra of solutions of various sulfites showed 
that whereas aqueous solutions of sulfur dioxide 
exhibited a well-defined absorption band in the 
vicinity of 276 niyu, solutions of the acid sulfite 
NaHSOs and the neutral salt Na2S03 were es­
sentially transparent in this region. The absorb­
ent in aqueous solutions of sulfur dioxide at 276 
rap was thought to be either a hydrate of sulfur 
dioxide or the postulated compound H2SO3, the so- 
called sulfurous acid.

Falk and Giguere,6 in 1958, employed infrared 
spectrometry to try to detect the presence of a 
stable H2SO3 molecule. In addition to aqueous 
solutions of sulfur dioxide, they also studied the 
sulfur dioxide-water mixtures in the solid state, 
wherein the formation of the compound H2S03 
might be favored. Their attempt to detect molecu­
lar H2SO3 proved negative. However, their stud­
ies of aqueous solutions of sulfur dioxide showed 
that the infrared spectrum contained three bands 
due to the fundamental vibrations of the dissolved 
S02 molecules in addition to four absorption bands 
attributed to liquid water. The sulfur dioxide 
bands were only slightly removed from the cor­
responding frequencies in pure liquid sulfur dioxide. 
For solid mixtures of S02 and H20, it also was found 
that the observed spectrum was essentially a super­
position of the spectra of the pure components with 
no new absorption bands appearing and no change 
in frequency, appearance or intensity for the usual 
bands. Falk and Giguere concluded that sulfur 
dioxide molecules are not strongly hydrated in 
aqueous solution and that the component H2S03 
is not formed. Jones and McLaren,7 in an inde­
pendent infrared study, drew substantially the same 
conclusions.

These results provide support for the mech­
anism advanced by Ley and König3 in 1938, who 
studied the ultraviolet absorption spectra of 
aqueous solutions of sulfur dioxide. They as­
sumed that the compound H2S03 did not exist, 
and that undissociated sulfur dioxide was present

(1) R. W right, J . Chem. Soc., 105, 669 (1914).
(2) C. S . Garrett, ibid., 107, 1324 (1915).
(3) K. Shaeffer and W . Koehler, Z. anorg. u. allgem. Chem., 104, 212 

(1918).
(4) E. C. C. Baly and R. A. Bailey, J. Chem. S oc., 121, 1813 (1922).
(5) F. H. Getman, J. Phys. Chem., 80, 266 (1926).
(6) M . Falk and P. A. Giguère, Can. J. Chem. 36, 1121 (1958).
(7) L. H. Jones and E. McLaren, J. Chem. P hys., 28, 995 (1958).
(8) H. Ley and E. König, Z. physik. Chem., B41, 365 (1938).

only in the form of dissolved sulfur dioxide S02, 
H20. Because of the small value of the secondary 
ionization constant, A 2, the dissociation of the 
bisulfide ion, HSOs- , was neglected. On this basis 
Ley and König considered the equilibrium

K,
S02, H20 H+ +  HSOs" (1)

with

Kl = (2)
where Ca and Ci represented the concentration in 
moles per liter of the dissolved sulfur dioxide and 
the bisulfite ion, respectively. Activity coefficients 
were considered to be unity. The total concentra­
tion of the sulfur containing components, Ct, was 
taken to be the sum of the concentration of the dis­
solved sulfur dioxide and the bisulfite ion.

CT = Ci +  G  (3)
By combining eq. 3 with eq. 2 and rearranging, 
they obtained eq. 4 for the undissociated specie

Cu = CT +  K , / 2  -  V K , C t +  AV/4 (4)
Ley and König noted that the Beer-Lambert 

law9 was not applicable when total concentration 
was used, i.e., the absorptivity, a, was not constant 
in the expression

A  = aCil (5)
where
A  = absorbance 

l =  path length, cm.
but that the law did apply when the concentration 
of the undissociated specie was employed, a' being 
the absorptivity based upon the concentration of 
the dissolved sulfur dioxide in the expression

A  = a ’Cul (6)
However, there was a considerable scatter in the 
experimental data points, and the authors sug­
gested that it would be advantageous to repeat the 
experiments using a spectrophotometer instead 
of the photographic instrument and technique avail­
able at that time.

The situation did not change substantially until 
1957, when De Maine10 obtained the spectra of 
aqueous solutions of sulfur dioxide using a Beck­
man Model DU spectrophotometer. Calculating

(9) G. F. Lothian, “ Absorption Spectrophotom etry/’ 2nd Ed., Hil- 
ger and Watts, Ltd., London, 1958,

(10) P. A. D. De Maine, J. Chem. Phys., 26, 1049 (1957).
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the concentration of the dissolved sulfur dioxide 
Cm, and the absorptivity, a', by employing eq. 4 
and 6, respectively, he found that a' decreased with 
increasing concentration rather than remaining 
constant as suggested by Ley and König. Also, 
DeMaine studied the spectra at six different tem­
peratures, 1, 10, 20, 25, 30 and 35° and found that 
the absorbance increased with increasing tempera­
ture. Ley and König made their measurements 
only at 25°.

It appears that the observed decrease of a' is 
attributable to the assumption of unity for the 
activity coefficients in the definition of K x in eq. 2. 
However, if K x is to be the thermodynamic ioni­
zation constant, then the appropriate definition is

rr aH+a H so r 2/±2 C f j /± 2 (C t  —  Cu) 2
A l  = -------------- - - ------ =  -------------------- y,----------  (7 )

®S02. HjO 2/u 2/uCu

where y± is the mean molar activity coefficient 
for the hydrogen and bisulfite ions, and yn is the 
molar activity coefficient of the dissolved sulfur 
dioxide S02, H20.

For weak electrolytes, based upon the work of 
Maclnnes and Shedlovsky11 and also of Owen,12 
it is believed to be permissible to make the follow­
ing modification of the Debye-Hückel theory to 
account for the “ medium effect”  of the undisso­
ciated molecules upon the activity of the ions

log ( y ± * /y a) = - 1 . 0 1 1 2  V c l  +  ß  Cu (8 )
In eq. 8 it is assumed that this effect is proportional 
to the concentration of the undissociated species, 
Cu, i-e., the dissolved sulfur dioxide in the case of 
aqueous solutions of sulfur dioxide. At infinite 
dilution, the limiting slope of eq. 8 is in exact nu­
merical agreement with the limiting slope predicted 
by the Debye-Hückel theory for aqueous solutions 
at 25°. The present experiments and calcu li 
tions are directed toward the evaluation of the 
constant of proportionality, ß, from ultraviolet 
spectrophotometric measurements of aqueous solu­
tions of sulfur dioxide.

Experiments and Calculations
Aqueous solutions of sulfur dioxide were prepared by 

bubbling sulfur dioxide ( C . P . ,  The Matheson Co.) gas into 
distilled water which had been deoxygenated by passing 
nitrogen through the water for a minimum of 15 min. Great 
care had to be taken in working with these solutions to 
prevent air from re-entering and possibly causing oxidation 
of the sulfur dioxide. The solution was placed in one cell 
of a matched pair of fused silica absorption cells of path 
length 1 cm., each cell being fitted with a ground glass 
stopper. Distilled water was placed in the second cell of 
the pair. The instrument used for measuring the absorb­
ance of these solutions was a hand-operated Beckman Model 
DU spectrophotometer.

The total sulfur concentration, C t , was determined by 
iodometry. A known volume of aqueous sulfur dioxide 
solution was pipetted into an excess of standardized 0.1 N  
iodine and the remaining iodine titrated with standard 0.1 A 
sodium thiosulfate to a starch end-point. Fifteen solutions 
were prepared, all at 25°, ranging in concentration from C t  
= 3.27 X 10~8 M  to CT = 12.6 X 10"»ilf.

Absorbance readings were taken at millimicron intervals 
from 230 to 310 m/x. These readings are shown in Table I. 
The dotted entries represent absorbance values so high 
that they could not be accurately read.

To calculate activity coefficients, it is necessary to deter­
mine which fraction of the total concentration is in the ionic

(11) D. A. Maclnnes and T, Shedlovsky, J. Am. Ckem. Soc., 54, 1429 
(1932).

(12) B. B. Owen, ibid., 54, 1758 (1932).

Fig. 1.—Apparent absorptivity at several wave lengths vs. 
concentration of dissolved sulfur dioxide in solution.

form and which fraction is in the dissolved form. In the 
vicinity of 276 m ,̂ it is presumed that only the dissolved 
sulfur dioxide absorbs ultraviolet radiation, with the bi­
sulfite ion not absorbing any appreciable radiation above a 
wave length of 240 m p . Therefore, in this region, eq. 6 
should apply and the absorptivity, o', must be estimated for 
each wave length.

Neglecting momentarily the “ medium effect”  term of eq. 
8, and combining eq. 7 with eq. 8, gives

log (K iC v /C i*) = -1.0112 V C i (9)
Employing Tartar and Garretson’s13 value of the ionization 
constant at 25°, K i =  0.0172, obtained from e.m.f. measure­
ments and apparently the best available, then for each 
total concentration, C t , values of C„ and C-, which satisfy 
eq. 9 and eq. 3 simultaneously were computed. Having Cu, 
eq. 6 was employed to calculate o'. Since eq. 9 is valid at 
infinite dilution, extrapolation of a plot of a' vs. Cu to in­
finite dilution should give the true value of the absorptivity.

Not all of the absorbance values listed in Table I were 
used in the calculations. Lothian9 shows, with accompany­
ing calculations, that the greatest accuracy in absorption 
measurements may be obtained when the absorbance is 
0.4343, but that absorbances between 0.2 and 0.8 may be 
used without any major loss if accuracy. In the present 
calculations, all absorbance values between 0.15 and 1.0 
were used and the others were discarded. The wave lengths 
employed ranged from 260 to 300 m/j..

Values of a' and Cu calculated by the method described 
above are plotted in Fig. 1, and the extrapolation to infinite 
dilution is shown. The extrapolation was made, for each 
wave length, by fitting the best straight line by the method of 
least squares as described by Bennett and Franklin.14 
All nine straight line fits were statistically significant at 
either the 0.10 level or levels of lower probability, suggest­
ing that a straight-line extrapolation may be justified.

(13) H. V. Tartar and H. H. Gar-etson, ibid., 63, 808 (1941),
(14) C. A. Bennett and N. L. Franklin, “ Statistical Analysis in 

Chemistry and the Chemical Industry,”  John W iley and Sons, Inc., 
New York, N. Y., 1954.
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T a b l e  I
Spec tr o ph o to m e t r ic  R e a d in g s  of A b so r b a n c e  vs. W a v e  L e n g t h , R e a d in g s  at  F ix e d  C o n c e n t r a t io n , Su l f u r

D io x id e - W a t e r

x,
230
235
240
245
250
255
260
265
270
275
280
285
290
295
300
305

0.0126
A

0.335
.205
.259
.403
.642
.927

1.301
1.638
1.900

1.880 
1.750 
1.393 
0.993 

.629 

.350

0,0124
A

0.338
.207
.260
.403
.641
.925

1.275

1.379
0.998

.621

.349

.0118
A
314
194

,239
,371
.581
.855
.184
.509

.579

.294

.918

.578

.323

0.0100
A

0.246
.151
.186
.292
.458
.678
.930

1.272

1.271
1.011
0.722

.450

.253

0.0097
A

0.236
.145
.179
.280
.439
.641
.890

1.141

1.400
1.200
0.960

.692

.431

.242

Total concentration, moles/liter 
0.00808 0.00788 0.00668 0.00606 0.

AA
0.176

.108

.135

.209

.326

.480

.660

.821

.995
1.074
1.009
0.883

.708

.510

.320

.180

A
0.170

.104

.127

.200

.314

.460

.631

.805

.940
1.019
0.990

.876

.691

.497

.311

.171

A
0.135

.085

.103

.157

.244

.359

.493

.630

.741

.790

.769

.680

.540

.384

.241

.135

00538
A

0 10 12

K  i
log €t' Cr=ol

T~( r
+  1.0112 -» Ci Ü Ct=0I = <8

T=0̂
a ' ct- oI

(11)

0.120
.075
.090
.137
.211
.312
.430
.550
.640
.682
.667
.590
.469
.332
.210
.116

0.140
.088
.085
.113
.170
.248
.342
.438
.511
.550
.532
.472
.376
.270
.169
.094

0.00524
A

0.103
.064
.074
.110
.168
.250
.340
.432
.510
.542
.530
.467
.371
.268
.166
.095

0.00458
A

0.085
.054
.060
.090
.137
.202
.278
.354
.407
.441
.440
.379
.304
.216
.135
.075

0.00417
A

0.077
.047
.050
.072
.111
.165
.228
.289
.340
.363
.354
.315
.250
.179
.110
.061

0.00376
A

0.057 
.034 
.040 
.061 
.097 
.143 
.198 
.254 
.296 
.317 
.309 
.274 
.219 
. 155 
.096 
.054

0.00327
A

0.042
.026
.030
.046
.075
.110
.151
.195
.230
.246
.240
.210
.167
.120
.074
.040

4 6 8
Vcl x io2.

Fig. 2.—Activity coefficients vs. ionic concentration, 25°, 
showing Debye-Hiickel limiting slope.

With the extrapolated values at infinite dilution, a 'cr-o , 
it is possible to use statistical methods to evaluate the con­
stant, 0 , in eq. 8. Thus by substituting eq. 7 and eq. 3 into 
eq. 8 and transposing, eq. 10 is obtained.
log [AJCuACt -  C„)a] +  1.0112 V C t -  C n = 0 C a (10)
Further, by substitution of eq. 6 into eq. 10, one obtains

A
A

Thus, at a fixed wave length, X, it is possible to use the 
values of the absorbance as a function of concentration to 
obtain the best estimate of ft by the least squares method. 
Rather than obtain an estimate for 0  from each wave 
length, however, it seems best, from a statistical point of 
view, to use the data from all wave lengths simultaneously to 
obtain the best estimate of 0 . Representing the left-hand

240 280 300 320

Fig. 3.-

side of eq 
0  is

260 
X, mg.

Logarithm of absorptivities a ' vs. wave length 
X sulfur dioxide in water, 25°.

10 by the symbol, L , then the best estimate14 of

0 =

9
E

X =  1

~ nX
E  (¿ ¡C u i)x

A = l
9

E
X =  1

~ n\ ~
E  ( < u > 2

_7 =  i

(12)

where n\ is the number of data points available for ware 
length X.

The value of 0 determined by use of eq. 12, utilizing the 90 
data points available from measurements at nine wave 
lengths, was —15.02, with the 99% confidence limits being 
— 12.22 and —17.82. Equation 8 thus becomes

log ( z / = f c V l / u )  =  -1.0112 V c l  -  15.02CU (8a)
Assuming y u to be unity this relation was used with eq. 3 

and 7 to compute values of j/± , C i and C u. Figure 2 is a 
graph of log y± vs. x/Cfi and indicates a reasonable, if not 
typical, dependence of the ion activity coefficient on the ion 
concentration.

If the error criterion is based upon the 99% confidence 
limits for 0 , the maximum error in y is about 1%. How-
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ever it should be noted that the values of j/± depend upon 
the choice of the value of the ionization constant, K i , and 
the assumption y u =  1 .

Using the estimated best values of the dissolved sulfur 
dioxide concentration, C a, eq. 6  was employed to obtain 
final best estimates for the absorptivities a '. These esti­
mates were made for six wave lengths below 260 and 
the two wave lengths above 300 mM as well as for the 
nine wave lengths used to estimate 0  in eq. 8 . The 
logarithms of these absorptivities are plotted vs. wave length 
in Ifig. 3.

The ionization constant, K i, for aqueous solutions of sul­
fur dioxide decreases with increasing temperature. 15 Hence, 
for a fixed total sulfur concentration, C t , the concentration 
of the dissolved portion, Cu, and hence the absorbance, A ,  
by eq. 6 , must increase with increasing temperature. This 
increase in absorbance with increasing temperature is in 
accordance with the observations of DeMaine10 at tem­
peratures other than 25°.

(15) A. E. Rabe, Ph.D. Thesis, University of Wisconsin, 1958.

It should be mentioned that Simon and Waldmann, 16 

working with Raman spectra and aqueous solutions of sul­
fur dioxide of concentration greater than 1 M ,  detected 
lines attributable to S.O5 2-, suggesting that another ionic 
equilibrium exists in this system, namely

2HS03~ vi S2062- +  H20 (13)
As the concentration of sulfur dioxide is reduced, however, 
the equilibrium shifts sharply to the left and for the dilute 
solutions employed in the present study (0.00327-0.0126 
M ) , the number of S2O5 2- ions probably is negligible, just 
as the secondary ionization of the bisulfite ion

HSO3 -  riH +  +  S032- (14)
can be safely neglected. Evidence in the present study that 
the quantity of S20 52- ions is negligible is the absence of 
any selective absorption at 2517 m u, the wave length char­
acteristic of the S2O52 ~ ion.

(16) A. Simon and K . Waldmaim, Z . anorg. u. allgem. Chem., 283,
359 (1956).

THE STANDARD ENTHALPY OF FORMATION OF COMPLEX SULFATE 
IONS IN WATER. I. HS04~, LiS04“ NaS04~

By  J. M. A u s t i n  a n d  A. D. M air

Department o f Chemistry, Un iversity o f Canterbury, Christchurch, N ew  Zealand

Received October 17, 1961

The heat of dilution of perchloric acid, lithium perchlorate, and sodium perchlorate solutions in perchloric acid, lithium 
perchlorate, and sodium perchlorate solutions, respectively, has been compared with similar dilution in dilute solutions of 
sulfuric acid, lithium sulfate, and sodium sulfate, respectively. The differences between the observed heat effects have been 
used to calculate the standard heats of formation of the ions HS04“ , LiS04~, and NaS04- .

The thermodynamic functions associated with 
complex-ion formation may be found either from 
temperature coefficient studies of the free energy 
of formation or by direct calorimetric measurement 
at 25° of the enthalpy change on forming that 
amount of complex determined by its free energy of 
formation at 25°. Whereas there have been 
several investigations1“ 4 of the heat of formation of 
the HS04“  ion by temperature coefficient methods 
in solutions of low ionic strength, the calorimetric 
data available has been obtained in solutions of high 
ionic strength. These observations involved meas­
urement of the heat of dilution of concentrated 
solutions of sodium sulfate in the presence of hydro­
chloric acid5 or perchloric acid6 at ionic strengths of 
one and two, respectively. A value for the stand­
ard heat of formation calculated from these ob­
servations can be in error as the result of heat effects 
associated with the reduced amount of NaS04“  
present after dilution or by the inadequacies of 
activity coefficient expressions used to correct heat 
effects observed at such high ionic strengths.

As the NaS04“  and LiS04“  ions have been char­
acterized only by their association constants deter­
mined from conductance data at a single tempera­
ture the heats of formation of these ions are not 
known.

(1) Y. S. K. Nair and G. H. Nancollas, J. Chem. Soc., 4144 (1958).
(2) C. W. Davies, H. W . Jones, and C. B. Monk, Trans. Faraday 

Soc., 48, 921 (1952).
(3) W. J. Hamer, J. A m . Chem. Soc., 56, 860 (1934).
(4) C. R . Singleterry, I. M . Klotz, Theses, University of Chicago 

(1940), see R. A. Robinson and R. H. Stokes “ Electrolyte Solutions,’ 1 
Butterworths Scientific Publications, London, 1955, p. 3744

(5) K. S. Pitzer, J. A m . Chem. Soc., 59, 2365 (1937);
(6) A . J. Zielen, ibid,, 81, 5022 (1959).

As part of a general calcrimetric investigation of 
the heats of formation of complexes formed by the 
sulfate ion we report here a calorimetric re-investi­
gation of the heat of formation of the HS04“  ion 
along with an investigation of the heats of forma­
tion of NaS04“  and LiS04_. Observations have 
been made of the heat effects produced by the one 
hundred-fold dilution of the perchlorate MC104 
(M =  H, Li, or Na) with: (1) a solution of the same 
perchlorate and (2) a solution of the corresponding 
sulfate. The molalities of the perchlorate (m i) and 
sulfate (m i) solutions were chosen so that the ionic 
strengths of the resultant solutions in (1) and (2) 
always were equal. These two dilution processes 
may be represented as

<?è MCIO.
MC104(m ) -----------------------------

M = H, Li, or Na
MClOi. . . .Q , cal. mole- 1  (1)

L lypgo
0.99 - 4

MC104(ra) --------------------------- >
M = H, Li, or Na
MC104 +  m2M2S04. . . . Q ,  cal. mole- 1  (2)

As in an earlier investigation7 of the heats of for­
mation of the lead halide complex ions PbX+ (X 
= Cl~, Br~,I“ ), it has been considered that the dif­
ference between Q2 and Qi the heat of dilution per 
mole of MC104, results from the formation of extra

(7) J. M, Austin, R. A. Matheson, and H. N. Parton, “Thé Struc­
ture of Electrolyte Solutions/’ John Wiley and Sons; Inc,; New Yotkj
N. Y., 1959, p. 365;
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M S04~ ions. If A[MS04- ]  represents the number 
of moles of complex ion formed for each mole of 
MCIO4  diluted and A//a represents the molal 
enthalpy of formation of the complex ion at the 
particular ionic strength of the solution, AZZa has 
been found from eq. 3.

AQ =  Qi -  Qi =  Ai?A-A[MS04-] (3)

The amount of complex ion formed A[MS04- ] has 
been calculated by successive approximations 
from the known association constants and the con­
centration of the ions concerned.

Experimental
Apparatus.—The dilution experiments were performed in 

the same calorimeter as used by one of us to investigate the 
heats of formation of the lead halide complex ions. The 
apparatus, similar in design to that of Gucker, Pickard, and 
Planck, 8 consisted of a pair of identical 500-ml. calorimeters 
supported by bakelite shafts in an air-bath immersed in a 
thermostat regulated at 25.00 ±  0.001°. The bakelite 
shafts carried leads to 70 ohm manganin wire heaters for 
electrical calibration of the calorimeters, stirrer shafts, and 
a spring-loaded mechanism to allow a stirrer blade to fracture 
a thin walled glass vessel of about 5 ml. capacity within the 
calorimeters. The ends of an 80 junction copper-constantan 
thermel 1 0  cm. long were embedded in the calorimeters and 
the shielded thermel leads were connected through oil- 
thermostated switches to a Paschen galvanometer. The 
thermel and galvanometer usually were operated at such 
a sensitivity that 1 -mm. galvanometer scale deflection rep­
resented a difference of 0 . 0 0 1  cal. between the heat content 
of the two calorimeters, i .e . , a difference of 2 X 10-s° in 
the temperature of the two calorimeters.

When heat effects larger than 0.1 cal. were observed elec­
trical energy was supplied in an endeavor to balance the 
energy change on dilution. The actual heat of dilution 
then was found from the electrical energy supplied and the 
resultant galvanometer deflection and its electrical calibra­
tion. Heat effects of less than 0.1 cal. were found directly 
from the resultant galvanometer deflection and its electrical 
calibration. The heating current for energy compensation 
or matching of heat effect and galvanometer calibration 
was measured with the aid of a potentiometer and standard 
resistance. The heating period of from 2-8 min. was meas­
ured with a 0.1-sec. Btop-watch. The calorimeters were 
checked by measuring the heat of solution of potassium 
chloride. The mean value of 4.145 kcal. mole- 1  at 25° com­
pares well with other determinations.

Materials. Perchloric Acid.—Analar acid was used with­
out further purification and diluted stock solutions were 
standardized against recrystallized Analar borax.

Sulfuric Acid.—Constant boiling acid was prepared from 
Analar acid.

Sodium Sulfate.—Analar material dried at 300° was used 
without further purification to prepare stock solutions.

Lithium Sulfate.—Analar lithium sulfate monohydrate 
was dehydrated at 700° to constant weight and used to pre­
pare stock solutions.

Sodium Perchlorate.—A solution of sodium perchlorate 
was prepared by neutralizing carbonate-free sodium hydrox­
ide solution with some of the above perchloric acid. The 
solution was analyzed by evaporating an aliquot to dryness 
and drying at 160° to constant weight.

Lithium Perchlorate.—A solution of lithium perchlorate 
was prepared by neutralizing some perchloric acid with 
lithium carbonate thrice recrystaOized from hot water to 
remove sulfate impurity. The solution was analyzed by 
evaporating an aliquot to dryness with sulfuric acid, heating 
to 700°, and weighing to constant weight as anhydrous 
lithium sulfate.

The concentrations of all stock sulfate solutions were 
checked by gravimetric analysis as barium sulfate. All 
stock solutions were prepared and diluted by weight with 
vacuum corrections being applied.

Results
The results of the dilution experiments represented

(8) F. T. Gucker, H. B. Pickard, and R. W. Planck, J . Am. Chem. 
Soc., 61, 459 (1939).

by eq. 1 are shown in Table I and those represented 
by eq. 2 are shown in Table II.

T a b l e  I

(a) m MCIO4 == 0.5219 m HCIO, I  =  0.02
mi MC104 ;= 0,01478 to HC104

Moles of 
MCIO4 X 1 0 3 AH, cal. (measured) Qi, cal. m ole"1

2.0502 0.0763 37.2
2.2616 .0829 36.6
2.0806 .0807 38.8

Mean Qi = 37.5
(b) m  MCIO4 == 1 TO LÌCIO4 I  = 0.025

TOi MCIO4 ;= 0.015 to L1CIO4

4.1778 -0.6946 -166.3
4.1188 -  .7097 -172.3
4.0698 -  .6681 -164.2
4.0775 -  .6708 -164.5

Mean Qi = -166.8
(c) m  MCIO4 = 1 m NaCKX I  =  0.025

MCIO4 = 0.015 to NaCICh
4.1176 1.667 404.9
4.1465 1.674 403.6

Mean Qi = 404.3

T a b l e  II
Moles of 

MCIO* X 103 AH, cal. (measured) Qi, cal. mole-1
(a) m  MCIO4 == 0.5219 to HC104 i  = 0.02

to2 M2SO4 == 0.007077 to H2S04

2.0650 1.157 560.4
2.2208 1.244 560.2
2.1150 1.181 558.5
2.1155 1.179 557.3

Mean Qa = 559.1
(b) to MClO, = 1 TO LÌCIO4 1 = 0.025

m2 M2SO4 = 0.005161 to LÌ2SO4

4.1559 -0.6960 -167.5
4.1630 -  .7003 -168.2
4.1809 -  .6853 -163.9

Mean Q2 = -166.3
(c) TO MCIO4 = 1  to NaC104 I  = 0.025

m2 M2S04 = 0.005186 to Na2S04

4.1688 1.7414 417.7
4.2082 1.7574 417.6
4.0646 1.6748 412.0
3.8653 1.5969 413.1

Mean Q2 = 415.1

A[MS04-], the number of moles of complex ion
formed in the resulting solutions for each mole of 
MC104, was calculated from the activity coefficient 
expressions and association constants listed in the
literature1-9-10 for HS04- , LiS04_, and NaS04- ,
respectively. The value of AH A obtained from
eq. 3 at the ionic strength given in Tables I and II 
was corrected to zero ionic strength using the ex-
pression

(9) E. C. Righellato and C. W. Davies, Trans. Faraday Soc., 26, 592
(1930).

(10) I. L. Jenkins and C. B. Monk, J. Am. Chem. Soc., 72, 2695
(1950).
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AFa» = A H a  +  | R T * ( 5  ■ ! £ + ! )  In

The value of 1 /D-dD/dT where D is the dielectric 
constant of the solvent at 25° was obtained from 
the data of Malmberg and Maryott.11 The results 
of these calculations are summarized in Table III.

T a b l e  III
Species I A Q AÍMSOí“] AHa. AHa«

cal. mole -1 mole cal. mole'-1 cal. mole-1
HSO,- 0.020 522.2 ±  4 0.0939 5560 5740 ±  200
Liso,- .025 (0.3) ±  4 .0100
NaSO,- .025 10.8 ±  4 .0115 940 1120 ±  800

Since the amount of HS04-  formed in these meas­
urements was found from the results of Nair and

(11) C. G. Malmberg and A. A. Maryott, J. Research Natl. Bur. 
Standards, 66, 1 (1956).

Nancollas,1 the observed value of AffA° =  5.74 
kcal. is directly comparable with and in excellent 
agreement with their result, AHa0 =  5.60 kcal. 
The agreement with the calorimetric result found 
by Pitzer,6 A //a° =  5.2 ±  0.5 kcal, is only fair. 
However, since we have found that AHA° for Na- 
SO4- is +1.1 kcal. mole-1 an allowance for the dis­
sociation of NaS04-  in the 90-fold dilution of 0.79 
m Na2S04 in his experiments would increase his 
results for AHa° of HSCh- . The results for the 
LiSO*-  complex indicate shat the heat of formation 
of the LiS04-  complex is zero or that there is no 
complex ion formation between the lithium and sul­
fate ions.

The results presented here are being used to ex­
tend our knowledge of the heats of formation of 
complexes formed by the sulfate ion with cations of 
higher valence.

A STUDY OF THE PHOTOLYSIS OF CYCLOHEXANE AND ACETONE. I. 
SOME REACTIONS OF THE CYCLOHEXYL RADICAL

By A l v i n  S. G o r d o n  a n d  S. R u v e n  S m it h  

Research Department, U . S . Naval Ordnance Test Station, China Lake, California
Received October 19, 1961

The fJaot for abstracting an H atom from cyclohexane by a methyl radical is 9.7 kcal./mole and the pre-exponential factor 
relative to the pre-exponential factor for a methyl radical abstracting a D atom from acetone-d6 is 2.5. For the abstraction 
reaction from cycloheptane the E ^ t = 9.1 and the ratio of pre-exponential factors = 2.6. Cyclohexyl radicals, formed by 
the reaction of methyl radicals with cyclohexane, have been studied over the temperature range from 150 to 480°. The 
reactions fall into two categories, a low temperature region (150-375°) and a high tempera, tur; region (above 375°). In the 
low temperature region there is no evidence that the cyclohexyl radical cleaves to smaller fragments. The high temperature 
region is characterized by products resulting from the cleavage of the cyclohexyl radical. Starting at 300° and increasing 
with temperature, molecular hydrogen is eliminated from the free radicals present in the mix. Our previous work indicates 
that this is a general reaction of alkyl hydrocarbon radicals where there are methylene groups a and /3 to the carbon atom 
with the free electron.1 As would be predicted by the radical isomerization mechanism presented by Gordon and McNesby,2 
there is no ethylene produced in the thermal reactions of the cyclohexyl radicals even at 440°. The reactions of cyeloheptyl 
radicals have not been investigated in much detail. The study indicates that the reactions parallel those for the cyclohexyl 
radical.

Introduction
The reactions of cyclohexyl radicals are of in­

terest since its pyrolytic reaction results in a large 
linear radical which permits the study of competi­
tive processes involving C-C  bond breaking and 
intraradical abstraction.

Recent work of Arai, Sato, and Shida3 on cyclo­
hexyl radicals formed from the mercury sensitized 
photolysis of cyclohexane at 400° shows a number 
of the compounds which have been identified in 
the present work. One outstanding exception is 
that they report ethylene in the products and we 
see no evidence of this compound over the extended 
temperature range of our studies.

Apparatus and Materials
Cyclohexane from the National Bureau of Standards was 

shown to be free of impurity when analyzed by gas chroma­
tography. Acetono-d6 was purchased from Merck and 
Company, Canada. Its D /D +H  content is 0.995.

The c3rclohexane-acetone-d6 mixes were photolyzed in a 
quartz reaction cell set in an aluminum block furnace. 
Unfiltered radiation from a medium pressure quartz mercury 
arc was used to irradiate the mix. The products were

(1) A. S. Gordon and S. R. Smith, J. Chem. Phys., 34, 331 (1961).
(2) A. S. Gordon and J. R. McNesby, ibid., 31, 833 (1959).
(3) S. Arai, S. Sato, and S. Shida, ibid., 33, 1277 (1960).

analyzed by gas chromatography and mass spectrometry. 
For the gas chromatography a i.5% squalane on Pelletex 
column and a l-methyl-5-(2-m3thoxyethyl)-tetrazole on C-22 
brick4 column were used. There was provision for trapping 
any fraction for subsequent mass spectrometer identifica­
tion.

T a b l e  I
E n e r g ie s  of- A c tiv a tio n  an d  P r e -e x p o n e n t ia l  F a c t o r  
R a tio s  f o r  th e  R e a ctio n  o f  C D , R a d ic a ls  w it h  C yclo ­

a l k a n e s

C> clopropane

I?act foi H
abstrae Ion

13.1

■Acycloalkan*
A-Acetone

0.9
— predicted ■A.&

1.3
Cyclobutane 10.c 1 . 5 1 . 6

Cyclopentane 9.1 1 . 5 2 . 1

Cyclohexane 94 2 . 5 2 . 5

Cycloheptane 9.1 2 . 6 2 . 9

Results
The CD3H/CD4 ratios are determined by the re­

actions
hj

CD3COCD3 — 2CD, +  CO (i)

(4) W. G. Finnegan and S. R. Smith, J . Chromatography, 6, 461
(1961).
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T a b l e  I I “

P r o d u c t  A n a l y s is  o p  C y c l o h e x a n e - A c e t o n e - ^

7
a o p

Total.
methanes

CDsH +
cm Ethanes Propylenes Butenes

c

1,3-
Butadiene

m 3

/ X

V
C D ij^ J  +  

Heptene-db

Methyl 
cyclo- 

pentanes 
(do +  di)

Hexadiene 
+  cyclo­
hexane

154 228 2 0 2 641 0 0 0 0 185 0 0

213 540 476 290 0 0 0 0 337 0 0

250 739 641 181 0 0 0 0 405 0 0
298 1095 934 8 6 0 0 0 0 348 95 285
337 1351 1127 190 0 0 0 39 191 305 340
381 1586 1318 95 209 50 0 1 0 1 1 0 315 360
440 1507 1218 314 490 85 285 143 137 0 615

° The values in the table are approximately moles X 109.

CD3 +  CD3COCD3 — >■ CD, +  CD2COCD3 (2)
Only 1-2% of the reaction mix is consumed and the 
rate equations may be integrated since the ratio 
of the parent molecules remains almost constant.

CD, (Ad6)
From the best least squares fit of the methane 
ratios in Table III to an Arrhenius equation, 
Ei — Ei is calculated to be 1.6 kcal./mole and Ai/ 
Ai, the ratio of the pre-exponential factors, is
2.5. Since E2 has been established independently6 
as 11.3 kcal./mole, Ei =  9.7 kcal./mole. Ei and 
Ai/Ai may be compared with the values for the 
other cyclic hydrocarbons in Table I. The energy 
of activation is slightly greater than for cyclo­
pentane, and probably reflects a slightly stronger 
C-H bond in the C6 ring over the C5 ring. The 
Eaci for abstraction of H from cyclopentane is the 
same as that from a linear methylene hydrogen. 
If the pre-exponential factors for the cyclo-alkane 
are normalized on the basis of their average veloci­
ties, the factors are proportional to the number of 
H atoms/molecule within experimental error.

The product distribution (Table II) indicates 
that there is a low temperature reaction region 
from 150 to 375° and a high temperature region 
from 375 upwards. In the low temperature region 
there is no evidence that the C6 radicals are frag­
mented, the major cyclohexyl radical products 
being the C6 radicals are fragmented, the major 
cyclohexyl radical products being methylcyclo- 
hexane and methylcyclopentane. In the high 
temperature region the radicals break down and 
form CH3 and C2H5 (see Table III for markings of 
methane and Table IV for marking of ethane as a 
function of temperature) radicals and C3 and C4 
unsaturates. Of especial interest is that no ethyl­
ene is found in the products, contrary to the results 
of Arai and co-workers,3 from the mercury photo­
sensitized reaction of cyclohexane.

Reference to Table III shows that the H2/H D  
ratios are over three times the CD3H /C D 4 ratio 
in the temperature range above 300°. Below 300°

there is so little hydrogen in the products that the 
determination of the H2/H D  ratio is subject to 
considerable error. In addition, photolyses at 
room temperature show that some of the hydrogen 
is formed via excited molecules. The presence of 
HD shows that an H atom mechanism is operative. 
If the H2 and HD are formed exclusively by an H 
atom mechanism the relative rates for H abstract­
ing H and D must be considerably different than 
the analogous rates for methyl radical abstracting 
the same atoms. We compared the H atom and 
CD3 radical abstraction by the high temperature 
photolysis and pyrolysis of mixtures of acetone- 
de and ethane.6 The ethyl radical formed in the 
reaction of CD3 with ethane pyrolyzes rapidly over 
420° and injects H atoms into the mix; in this 
manner the abstraction reactions of H atoms and 
methyl radicals may be studied in the same system. 
The results show that there is a pre-exponential 
factor of less than two in favor of an H atom ab­
stracting an H atom over abstracting a D atom 
relative to the same reactions of a methyl radical. 
The H2/H D  ratios generated in the photolysis of 
cyclohexane-acetone-tfs mixes are over three times 
the corresponding methyl ratios (Table III) 
and the H2 must be partly formed via a molecular 
elimination of H2 from the cycloalkyl radical in 
addition to the atom mechanism. The cycloheptyl 
radical also appears to eliminate molecular hydro­
gen in addition to a hydrogen atom above 300°.

T a b l e  I I I
P e r c e n t a g e  o f  V a r io u s  H y d r o g e n s  a n d . M e t h a n e s  

i n  t h e  P r o d u c t s  f r o m  C y c l o h e x a n e -A c e t o n e - ^

T,
°C. m HD

Ratio
H i/
HD CDaH CD,

Ratio
CDsH/

CD, cm CHjD
254 0.25 0.03 8.3 8 6 . 2 13.5 6.4
288 .62 .08 7.8 84.7 14.6 5.8
293 .35 .05 7.0 84.5 15.0 5.6
318 2.50 .13 19.2 81.6 15.8 5.2
344 6.7 .34 19.7 76.9 16.0 4.8
419 20.7 1.36 14.8 60.2 13.3 4.5 4.5
438 24.7 1.69 14.5 60.4 14.4 4.2 6.9 3.26
445 2 1 . 2 1.53 14.1 55.4 13.1 4.2 7.4 1.41
460 25.5 1.87 13.4 51.1 1 2 . 2 4.2 8.5 0.91
481 22.9 1.85 1 2 . 1 47.6 11.9 4.0 11.7 3.96

The butenes are primarily d3 (Table IV). The 
propylene is mostly light, the d0/di ratio ^  40.

(5) M. H, J4 Wijnen, Ji Chevu Phys., 22, 1075 (1954). (6) A. S. Gordon and S. It. Smith, to be published.
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Discussion
Cyclohexyl radicals formed via reaction 1 are 

remarkably stable against reactions which result 
in the formation of smaller fragments. This sug­
gests that the cyclohexyl radical can be converted 
into a resonance stabilized radical via some easy 
reaction path. A likely sequence is

CH2CH2CH2CH2CH=CH2 (3)

c h 2c h 2c h 2c h 2ch= c h 2 — >
CH3CH2CH2CHCHCH2 (4)

Reaction 4 is an easy intraradical abstraction since 
the “ reaction complex”  is an unstrained 5-atom 
ring and the abstraction of a secondary allyl hy­
drogen atom should require about 5-6 kcal./mole 
energy of activation (neglecting the unknown value 
for any partial eclipsing of the ring hydrogens in 
the activated complex). The estimate of the 
energy of activation is based on the value of 7.7 
±  0.5 kcal./mole obtained by Trotman-Dickenson 
and Steacie7 for abstraction of H from propylene. 
Since reaction 4 is an abstraction of a secondary 
hydrogen a to a double bond, it is about 2 kcal./ 
mole less than for abstraction from propylene. 
The resonance stabilized hexenyl radical formed 
in reaction 4 would be very stable against pyrolysis. 
At temperatures below those at which it pyrolyzes, 
it would disappear by methyl radical addition to 
its two canonical forms. At least one heptene has 
been identified in the same chromatogram peak con­
taining methylcyclohexane.

Arai and co-workers3 studied the mercury 
sensitized decomposition of cyclohexane at 400° 
and found many of the same products that we find. 
The outstanding exception, as previously noted, 
is that they found ethylene in the products. 
Ethylene presumably would form by the reaction 
CH2CH2CH2CH2CH=CH 2 — >

C2H4 +  CH2CH2CH=CH 2 (5)

pearing at temperatures over 420°. It could be 
formed by reaction 3 followed by

/\ C H ,
CH2CH2CH2CH2CH=CH2 | |  (7)

Arai and co-workers3 found methylcyclopentane 
in their products at 400° and postulated its forma­
tion via reactions 3 and 7. They did not carry 
out experiments above 430° so that they did not 
notice its disappearance due to the reverse of re­
action 7. Reaction 7 is an intraradical addition 
to the non-terminal position of the double bond. 
It may be estimated to have an Eaot of 12 ±  2 
kcal./mole, on the basis that a terminal addition 
has an E&ct = 8 kcal./mole. Since there is no 
evidence of non-terminal addition to a double bond 
relative to terminal addition at temperatures up 
to 100°, the non-terminal energy of activation for 
addition is probably 4 kcal./mole or more higher 
than the energy of activation for the terminal 
addition.8 As previously noted, reaction 4 has 
an Aact — 5-6 kcal./mole. Both J?4 and E7 have 
been estimated without considering eclipsing of H 
atoms in the activated ccmplex, but any eclipsing 
of H atoms in the activated complex would affect 
both reactions almost equally. Thus reaction 7 
could compete with reaction 4 only in the unlikely 
event that its pre-exponential factor was over 100 
times as favorable as that for reaction 4. An

/X C H 2
alternative mechanism is that the radical

forms from without tue CH2CH2CH2CH2C H =

CH2 radical forming as an intermediary.
A product corresponding to the formula of 

methyleyclopentene also is found in the products 
at higher temperatures. Since this product is

light it is probably formed from the

It does not appear because the competitive intra­
radical isomerization (reaction 4) is much more 
rapid. Arai and co-workers3 may have found 
ethylene because of a reaction of excited mercury 
atoms with cyclohexane which gives a reaction 
path which is not present in our system. The 
H2/H D  ratios relative to the corresponding CD/ll '' 
CD4 ratios suggest that molecular H2 is eliminated 
from the hydrocarbon radical. One possible re­
action is

The methyl adduct of the cyclohexenyl radical 
CD3 is found in the products at higher 

temperatures.
/ x c h 2d  / \ c h 3,

Methylcyclopentanes, | | and J
are found in the reaction products (Table II) disap­

___c h 2
[ i radical by the loss of a hydrogen atom.
\ /

The cycloheptyl radical similarly forms methyl­
cyclohexane and methyl cyclohexene in this tem­
perature range. Cyclopentyl radical does not 
yield methylcyclobutane, nor does the cyclobutyl 
radical form methylcycl®propane.9 In the latter 
radical the great strain in the 3-membered ring must 
prevent its formation. In the former radical the 
competitive reaction to form ethylene and an allyl 
radical in addition to any strain in the 4-membered 
ring would swamp the reaction to form the 4- 
membered ring.

The resonance stabilized hexenyl radical reacts 
at temperatures over 375° and accounts for the
CH3CH2CH2CHCHCH2 — >

CH3CH2 +  CH2=CHCH=CH, (9)
c h 3c h 2c h /c h c h c h 2 — >-

CH3 /HCH 2CH2=CHCH 3 (10)

(7) A. F. Trotman-Diekenson and E. W. R, Steacie, J. Chem, Phys.,
19, 169 (1951).

(8) R. K. Brinton, ibid., 29, 781 (1958).
(9) A. S. Gordon, S. R. Smith, -*nd C. M. Drew, ibid., in press.
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T a b l e  IV
%  D e u t e r a t io n  o f  E t h a n e  a n d  B u t e n e  i n  P r o d u c t s  o f  P h o t o l y s is  o f  C rcL O H E X A N E -A cE T O N E -d e

T, °C. do * d,
—Ethane— 

d, d, dt db do di
-------- Butene-———■

dì di d, ds

276 1 0 0

376 46.5 26.0 4.8 22.5
424 62.2 29.0 1.3 2.5 4.9
475 6 6 . 1 27.4 2.7 1 . 6 0.3 0 . 2 1 . 6 35.9 1.3 6.3 55.0 1 . 1 0 . 6

c h 3c h c h 2c h = c h c h 3 — >
CH3CH=CH2 +  CH3CH=CH (11)

c h 3c h 2c h 2c h c h c h 2 — >
CH3CH2CHCHCHCH3 (12)

c h 3c h 2c h c h c h c h 3 — >
CH3 +  CHs=CHCH=CHCH 3 (13)

CH3 and C2H6 radical found in the high tempera­
ture region. At low temperatures all the ethane 
results from the addition reaction of two CD3 
radicals. The propylene formed in reaction 11 
is only light. The further reactions of the CH3-

C H =C H  radical generate C3H6 and C3H6D by 
abstraction. It also reacts in part with CD3 to 
give the preponderance of butene-d3 found in the 
high temperature region. The only other butene 
of significance, butene-do, could form by the 
addition reaction of a CH3 radical with a CH3- 
C H =C H  radical.

Acknowledgments.—We wish to acknowledge 
the assistance of Mr. Joseph H. Johnson who 
helped with the mass spectrometer and gas chroma­
tography analyses, and of Mrs. Helen R. Young 
who aided with the reduction of the analytical 
data.

HEAT CAPACITIES AND THERMODYNAMIC PROPERTIES OF GLOBULAR 
MOLECULES. III. TWO METHYL-SUBSTITUTED 

POLYTHIAADAMANTANES1
By  Shu-Sing Chang and E dgar F. W estrum, Jr .

Department o f Chemistry, University o f M ichigan, A n n  Arbor, M ichigan  
Received October 28, 1961

Heat capacities of l,3,5,7-tetramethyl-2,4,6,8,9,10-hexathiaadamantane and l,3,5,7-tetramethyl-2,4,6,8-tetrathiaadaman- 
tane have been determined from 5 to 350°K. by adiabatic calorimetry. Derived thermodynamic functions were calculated 
from these data. No thermal anomaly has been found for either substance within the temperature range investigated. The 
molal values of heat capacity at constant pressure; the entropy; and the free energy function for the two compounds are 
67.74, 65.71; 70.63, 65.93; and —34.39, —31.84 cal. mole- 1  °K.-1, respectively, at 273.15°K.

Introduction
In continuation of the study of the thermal be­

havior of globular molecules with an adamantane- 
like structure,2-3 two methyl-substituted poly- 
thiaadamantanes have been studied. Both of 
them were known long before the discovery of 
adamantane and were characterized as the dimers 
of dithioacetylacetone4 and of dithioacetic anhy­
dride.5 More recently, the structures of these 
molecules have been reinterpreted by Fredga6'7 as 
that of cage molecules similar in structure to 
adamantane. Spectral data8 also favor the new 
structural formulas. Therefore, these two com­
pounds could be designated, according to the 
nomenclature proposed by Stetter,9 as 1,3,5,7- 
tetramethyl - 2,4,6,8 - tetrathiaadamantane and

(1) From the dissertation of S. S. Chang submitted in partial 
fulfillment of the requirements of the Doctor of Philosophy Degree at 
the University of Michigan. This work was supported in part by the 
Division of Research of the U. S. Atomic Energy Commission.

(2) S. S. Chang and E. F. Westrum, Jr., J. Phy8. Chem., 64, 1547 
(1960).

(3) S. S. Chang and E. F. Westrum, Jr., ibid., 64, 1551 (1960).
(4) F. Leteur, Corrupt, rend., 133, 48 (1901).
(5) J. Bongartz, Ber., 19, 2182 (1886).
(6) A. Fredga, Arkiv Kemi, Mineral. Geol., 25B , No. 8, 1 (1948).
(7) A. Fredga and A. Brandstrom, ibid., 26B , No. 4, 1 (1948).
(8) R. Mecke and H. Spiesecke, Chem. Ber., 88, 1997 (1955).
(9) H. Stetter and K . H. Steinacker, ibid., 85, 451 (1952).

1,3,5,7 - tetramethyl - 2,4,6,8,9,10 - hexathiaadaman- 
tane, respectively. The former molecule possesses 
four co-planar methylene groups of an adamantane 
molecule and the latter all six replaced by cor­
responding numbers of sulfur atoms. In addition, 
one methyl group is attached to each of the four 
bridge-head carbon atoms in both molecules.

Experimental
Preparation of l,3,5,7-Tetramethyl-2,4,6,8-tetrathia- 

adamantane.—The calorimetric sample of this compound 
was prepared in accordance with a method described by 
Fredga and Brandstrom. 7 About 50 ml. of acetylacetone 
was introduced into 2 0 0  ml. of absolute alcohol saturated 
with anhydrous hydrogen chloride gas at 0°. The solu­
tion was chilled in a Dry Ice-alcohol-bath. Into this a 
steady stream of hydrogen sulfide gas was passed until 
in excess beyond saturation. The mixture then was 
allowed to warm slowly to room temperature. The solid 
material was collected and washed with concentrated 
hydrochloric acid. The remaining yellowish tint which 
could not be removed by recrystallization was removed by 
refluxing the compound in an alcoholic solution with a 
quantity of active carbon (Norit). The substance was 
further recrystallized twice from absolute methanol. The 
final crystalline sample was composed of long prismatic 
needles with a melting point of 168°. Microanalysis in­
dicated the following composition for this sample: 45.56% 
C, 6.05% H, and 48.21% S (calcd.: 45.41% C, 6.10% H, 
and 48.49% S for C,0H16S4).

l,3,5,7-Tetramethyl-2,4,6,8,9,1 0 -hexathiaadamantane.—
This compound was prepared by the method described for
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tetraethenyl hexasulfide. 10 Thiolacetic acid was refluxed 
overnight with one-third of its weight of crushed, fused 
zinc chloride. The crystalline product from the reaction 
mixture was washed with dilute hydrochloric acid and water 
to dissolve away zinc compounds. It then was recrystal­
lized twice from absolute methanol. The crystals melted 
at 232° with slight decomposition. Microanalytical results 
indicated the composition: 31.94% C, 4.14% H, and 
64.17% S (calcd.: 31.94% C, 4.02% H, and 64.01% S for 
C8HI2S6).

Cryogenic Technique.—The Mark I cryostat, a gold- 
plated copper calorimeter (laboratory designation W-9), 
and a calibrated platinum resistance thermometer (labora­
tory designation A-3) were used in measuring the heat 
capacities of both samples. These instruments and the 
general operating technique have been described in the pre­
vious papers of this series. 2 , 3 Samples weighing (in  vacuo) 
49.912 g. of tetramethyltetrathiaadamantane and 45.383 
g. of tetramethylhexathiaadamantane were used. After 
evacuation of the loaded calorimeter, helium gas at pres­
sures of 6.0 and 10.5 cm., respectively, was sealed in at 
300°K. in order to provide thermal contact between the 
sample and the calorimeter. The heat capacity of the 
heater-thermometer-calorimeter assembly (without sample) 
was determined in a separate series of measurements. 
This heat capacity represents a contribution increasing 
from 10% at 10°K. to a maximum of 58% at 70°K. and 
gradually decreasing to less than 40% at 350°K.

Results
The experimentally determined heat capacities 

of both compounds are presented in Table I in
T a b l e  I

H e a t  C a p a c i t i e s  o p  1 , 3 , 5 , 7 - T e t r a m e t h y l -  

2 , 4 , 6 , 8 , 9 , 1 0 - h e x a t h i a a d a m a n t a n e  a n d

1 . 3 . 5 . 7 -  T e t r a m e t h y l - 2 , 4 , 6 , 8 - t e t e a t h i a a d a m a n t a n e

Units: cal. mole- 1  °K . _ 1

T, °K . CP T, °K . CP T, °K . CP
1.3.5.7- Tetramethyl-2,4,6,8,9,10-hexathiaadamantane

(CsHiiS«; 1 mole = 300.572 g.)
Series I 233.80 60.06 14.77 3.592

242.98 61.89 16.27 4.188
69.54 18.07 251.84 63.63 18.01 4.858
74.91 19.71 260.63 65.30 2 0 . 0 1 5.566
82.00 2 2 . 1 0 269.53 67.13 2 2 . 2 2 6.272
89.41 24.55 278.57 68.60 24.64 6  972
96.73 26.85 287.71 70.42 27.30 7.641

104.45 29.16 296.88 72.05 30.27 8.326
306.29 73.10 33.53 9.010

Series II 315.81 74.91
324.55 76.06 Series VII

114.68 32.21 332.03 77.38
123.31 34.76 339.62 78.58 32.86 8.875
131.88 37.15 346.93 79.98 36.52 9.622
140.47 39.50 40.49 10.423
149.14 41.88 Series V 44.62 11.297

49.14 12.345
Series III 4.94 0.164 54.23 13.618

5.50 0.233 59.83 15.167
166.71 45.95 65.72 16.939
175.74 47.93 Series VI 72.00 18.798
184.82 50.05
194.01 52.02 5.14 0.185 Series VIII
203.45 54.07 6.29 .392
212.94 56.05 7.33 .662 151.87 42.77

8.42 1.023 161.37 44.78
Series IV 9.54 1.423

10.71 1.890 Series IX
215.55 56.51 11.99 2.419
224.50 58.27 13.35 2.988 291.48 71.05
(10) E. Fromm and G. Mangier, Ber., 84, 204 (1901).

l,3,5,7-Tetramethyl-2,4 6 ,8 -tetrathiaadamantane 
(CuHuS,; 1  mde = 264.492 g.)

Series I 28.25 7.460 162.20 42.26
31.15 8 . 1 1 1

4.85 0.136 34.28 8.750 Series V
5.38 .203 37.71 9.410
6.13 .321 41.50 10.097 167.74 43.16
7.09 .503 45.72 10.899 176.38 45.10
7.97 .741 185.00 47.08
8.87 1.003 Seri as III 193.81 49.01
9.86 1.325 202.71 50.84

10.82 1.664 46.48 11.06 211.60 52.74
11.75 1.984 51.56 1 2 . 1 1 220.61 54.73

56.75 13.28 229.78 56.60
Series 11 62.55 14.71

Series VI
6.31 0.337 Series IV
7.23 .545 235.14 57.63
8 . 1 1 .794 64.89 15.36 244.41 59.61
9.07 1.064 70.92 16.93 253.66 61.60

10.13 1.420 77.78 18.87 262.70 63.44
11.26 1.839 85.34 21.18 271.53 65.33
12.48 2.266 93.59 23.56 280.34 67.14
13.74 2.755 101.97 25.93 289.28 69.09
15.04 3.276 110.07 28.27 298.33 70.80
16.47 3.826 118.33 30.32 307.47 72.44
18.06 4.423 126.80 32.89 316.86 74.22
19.82 5.039 135.42 35.18 326.43 76.12
21.85 5.716 144.25 37.46 336.00 78.09
24.14 6.399 153.29 39.88 345.56 80.00
25.47 6.769

T E M P E R A T U R E ,  ° k .

0 5 10 15
T E M P E R A T U R E ,  ° K .

oÜJ

<O
CLo

Fig. 1.—Heat capacities of tetramethyltetrathiaadamantane 
O and tetramethylhexathiaadamantane □.

chronological order to permit the estimation of the 
approximate temperature increments of the in­
dividual runs from the adjacent mean temperatures. 
The data are stated in terms of the defined thermo­
chemical calorie equal to 4.1840 j., an ice point 
of 273.15°K., and the gram molecular weight of 
tetramethyltetrathiaadamantane and tetramethyl­
hexathiaadamantane taken as 264.492 and 300.572
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g., respectively. An analytically determined cur­
vature correction, amounting to less than 0.1%, 
has been applied to the observed AH/AT values.

The molal values of heat capacities at constant 
pressure, the entropy and enthalpy increments, 
and the free energy functions are listed at selected 
temperatures for both compounds in Table II. 
These values were obtained by integration of a 
least-square-fit polynomial through the data points 
by means of a high-speed digital computer. Below 
5°K. the data were extrapolated by means of the 
Debye limiting law. Nuclear spin and isotope 
mixing contributions have not been included in the 
entropies and the free energy functions. The 
probable error of the reported heat capacity 
values is considered to be less than 0.1% at tem­
peratures above 25°K., 1% at 10°K., and about 5%

T a b l e  I I
T hermodynamic P roperties o f  1,3,5,7-Tetramethyl- 

2,4,6,8,9,10-hexathiaadamantane and 
1,3,5,7-Tetramethyl-2,4,6,8-tetrathiaadamantane

Units: cal., mole, °K.
— (F ° -

T, °K . c  P S» B o -  H% Ho0) T - i

l,3,5,7-Tetramethyl-2,4,6,8,9,10-hexathiaadamantane
(CsH,[«S«, 1  mole =  300.572 g.)

5 0.168 0.056 0.209 0.014
1 0 1.605 0.533 4.065 .127
15 3.681 1.574 17.26 .424
2 0 5.563 2.900 40.52 .874
25 7.065 4.309 72.24 1.420
30 8.269 5.709 110.7 2.018
35 9.300 7.062 154.7 2.643
40 10.31 8.369 203.7 3.277
45 11.39 9.645 257.9 3.914
50 12.56 10.905 317.7 4.550
60 15.22 13.424 456.3 5.819
70 18.22 15.992 623.3 7.088
80 21.41 18.632 821.4 8.365
90 24.63 21.340 1051.6 9.656

1 0 0 27.82 24.101 1313.9 10.962
1 1 0 30.90 26.898 1607.6 12.283
1 2 0 33.87 29.715 1931.5 13.619
130 36.70 32.538 2284.5 14.965
140 39.41 35.358 2665.2 16.321
150 41.99 38.166 3072.3 17.684
160 44.45 40.955 3504.6 19.051
170 46.80 43.721 3960.9 20.421
180 49.05 46.460 4440.3 21.792
190 51.22 49.171 4941.7 23.162
2 0 0 53.31 51.851 5464.3 24.529
2 1 0 55.35 54.502 6007.7 25.894
2 2 0 57.36 57.123 6571.3 27.254
230 59.35 59.717 7154.8 28.609
240 61.32 62.284 7758,2 29.959
250 63.29 64.828 8381.3 31.303
260 65.24 67.348 9023.9 32.641
270 67.15 69.846 9685.9 33.972
280 68.99 72.321 10366.6 35.298
290 70.74 74.773 11065.4 36.617
300 72.39 77.200 11781.1 37.929
350 80.58 88.945 15596.0 44.385
273.15 67.74 70.63 9898 34.39
298.15 72.09 76.75 11648 37.69

l,3,5,7-Tetramethyl-2,4,6,8-tetrathiaadamantane 
(C14H16S4, 1 mole = 264.502 g.)

5 0.154 0.052 0.194 0.013
10 1.374 0.464 3.515 0.112
15 3.252 1.368 14.98 .369
20 5.107 2.563 35.98 .764
25 6.639 3.874 65.49 1.254

30 7.864 5.199 101.9 1.802
35 8.865 6.488 143.8 2.380
40 9.803 7.733 190.5 2.971
45 10.76 8.943 241.9 3.568
50 11.79 10.129 298.2 4.165

60 14.10 12.478 427.4 5.355
70 16.72 14.845 581.3 6.541
80 19.53 17.259 762.4 7.729
90 22.43 19.927 972.2 8.925

100 25.34 22.241 1211.1 10.130

110 28.22 24.792 1478.9 11.347
120 31.02 27.368 1775.2 12.575
130 33.75 29.959 2099.1 13.812
140 36.40 32.558 2450.0 15.058
150 38.95 35.157 2826.8 16.312

160 41.41 37.750 3228.7 17.571
170 43.77 40.332 3654.7 18.834
180 46.04 42.898 4103.8 20.099
190 48.22 45.446 4575.2 21.366
200 50.35 47.974 5068.1 22.634

210 52.43 50.481 5582.0 23.900
220 54.50 52.968 6116.6 25.165
230 56.57 55.436 6671.9 26.427
240 58.67 57.888 7248.1 27.687
250 60.79 60.326 7845.4 28.944

260 62.93 62.752 8464.1 30.198
270 65.05 65.167 9104.0 31.448
280 67.13 67.570 9765.0 32.695
290 69.14 69.961 10446.4 33.939
300 71.06 72.338 11147.4 35.180
350 80.74 84.018 14942.3 41.326
273.15 65.71 65.93 9310 31.84

298.15 70.71 71.90 11016 34.95

at, 5 ° K . The e s tim a te d p ro b a b le  e r ro r  in  th e
thermodynamic functions is less than 0.1% above 
100°Iv.

Discussion
No thermal anomaly has been observed in the 

heat capacity measurements for either compound 
between 5 and 350 °Iv. Simple differential thermal 
analysis measurements establish the absence of 
such anomalies over the entire solid range. Failure 
to find transitions similar to that of adamantane2 
is not an unexpected result for these substances. 
The heat capacity vs. temperature curves for these 
two compounds are very similar ill shape to each 
other, but they are distinctively different from that 
of adamantane and hexamethylenetetramine which 
form another pair. The sulfur atoms present in the 
skeletal structure of the cage of these two mole­
cules may have increased the intermolecular 
force and hence the potential barrier for the re­
orientation of the molecules into other equivalent 
positions. Moreover, it is likely that the four 
methyl groups extant in both molecules prevent 
the rotation of molecules through simple steric
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hindrances. These molecules deviate considerably 
from sphericity and appear to have molecular 
envelopes in the shape of a large tetrahedron. 
However, although tetrahedrally-shaped molecules 
often show the onset of the plastically crystalline 
phase, this phenomenon does not appear to be 
present in either of the two methyl-substituted 
polythiaadamantanes studied.

It is of interest to note that the hexathia com­
pound has been reported to exist in a crystal 
lattice of rather low symmetry.11 The monoclinic

space group C25h-P2i/c is said to characterize the 
lattice and the molecules do not appear to possess 
any element of crystallographic symmetry.
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The cation of methyl red, or o-(p-dimethylaminophenylazo)-benzoic acid, has an acid dissociation constant K , =  0.0040 
according to spectrophotometric measurements as well as solubility studies in HC1-KC1 buffers in which S  =  6.0 X 10 - 6  +  
1.54 X 10-a[H3O+]. Distribution studies using these buffers with carbon tetrachloride show that the aqueous/CCl4 concen­
tration ratio for methyl red follows the relationship E  = 0.00295 +  0.585[H30 + ], indicating the higher value for K , of 0.0050, 
perhaps because of the dissolved CCh. Spectrophotometric studies and solubility measurements in acetate buffers, in which 
S  =  6.0 X  10" 6 +  8.9 X 10- 1 1/[H 3O+], show that the dissociation constant for the zwitterion K t =  1.50 X 10^6. The intrin­
sic solubility of the zwitterion is thus 6.0 X 10_ 6  according to both solubility studies. These values refer to a temperature 
of 25° and are calculated for zero ionic strength, but the work was carried out at ionic strength equal to 0.020.

Introduction
Methyl red, or o-(p-dimethylaminophenylazo)- 

benzoic acid, has been the subject of ionization 
constant studies for half a century.1-7 The col­
lected results refer to several temperatures, the 
effects of ionic strength often were not considered, 
and some of the experimental approaches were in­
herently inaccurate. The purpose of the present 
work has been to use refined spectrophotometric 
techniques for the determination of accurate ioni­
zation constant values, and to examine the use­
fulness of immiscible solvent extraction and solu­
bility studies for the same purpose.

In aqueous solution methyl red exists in three 
forms: a cation, H2M+, which is intensely red, a 
species HM which is undoubtedly a zwitterion 
because of the similarity of its absorption spectrum 
to that of H2M + (see Fig. 1), and a yellow anion, 
M - . The familiar use of methyl red as an acid- 
base indicator is based on the equilibrium between 
M -  and HM. In neutral solvents such as benzene 
and carbon tetrachloride HM is yellow, indicating 
that the zwitterion reverts to the non-ionic struc­
ture: (CH3)2NC6H4N = N C 6H4COOH (o).

The cation may be regarded as a diprotic acid, 
and two equilibrium quotients (in terms of molari­
ties) may be defined in the usual way 
Q, = [H30+][HM]/[H 2M+j Q2 = [H30 +][M “]/[HM]
The corresponding equilibrium constants, K, and 
Ki may be calculated from the experimentally

(1) H. T. Tizard, J. Chem. Soe., 97, 2477 (1910).
(2) A. Thiel, F. Wulfken, arid A. Dassler, Z . anorg. u. allgem. Chem., 

136, 393 (1924).
(3) I. M . Kolthoff, Rec. trav. chim., 43, 144 (1924); 44, 75 (1925).
(4) A. Meretoja, Ann. Acad. Sci. Fennicae Sec. A , I I ,  Chemica, No. 

12, 7 (1944).
(5) F. A. F. Vermast, Indonesian  J. N at. S ci., 109, 57 (1953).
(6) S. W . Tobey, J . Chem. Educ., 35, 514 (1958).
(7) C. N. Reilley and E. M . Smith, A n al. Chem., 32, 1233 (1960).

determined Q values if the values of the activity 
coefficients can be estimated reliably.

Experimental
Reagents.—Methyl red (Eastman 431) was purified by 

slow recrystallization from redistilled toluene, resulting in 
large crystals. For the spectrophotometric work et.hanolic 
stock solutions were prepared by weighing the calculated 
quantity and diluting to make the molarity equal to 1.00 X 
10~3. The carbon tetrachloride was redistilled, solutions 
were standardized by conventional methods, and all reagents 
were of high quality.

Apparatus;—Photometric measurements were made with 
a Beckman Model B instrument using both 1-cm. rec­
tangular and 5-cm. cylindrical Pyrex cells. The 5-cm. cells 
were calibrated “ to contain’ ’ and wrere glass-stoppered. A 
calibrated Gilmont ult.ramicroburet, 0.1-ml. size, -was used 
to make additions directly to the solution in the cell. In the 
solubility studies the temperature wras controlled by a 
thermost.ated air-bath mechanical rotator. A special ap­
paratus facilitated the combined techniques of equilibration 
and sampling (see Fig. 2).

Spectrophotometric Procedure.—For the determination 
of <3» the 5-cm. cell was filled (14.50 ml.) with 0.0220 M  
sodium acetate solution containing 1.0 X 10 ~ 6 M  methyl red. 
Under these conditions (pH «  8 ) the djre is quantitatively 
in the yellow form and the absorbance was taken as the 
value for A m (see Discussion). The ultramicroburet was 
used to make successive O.ClOO-ml. additions of 5.178 M  
acetic acid until a total of 0.1 ml. had been added. The solu­
tion was mixed and the absorbance was measured at 420, 
405, and 390 m/r, (in separate runs) after each addition. 
Since the volume change was so small the ionic strength re­
mained effectively constant and only minor corrections in 
absorbance -were required to take account of dilution.

In the determination of Q the 5-cm. cell -was filled with 
8  X 10- 6  methyl red in water, and increments of 0.201717' 
hydrochloric acid wrere added until 0 . 2  ml. wras present. 
Then the ultramicroburet was filled -with 4.034 M  hydro­
chloric acid and increments up to a total of 0 . 1  ml. were 
added. After each addition the absorbance was measured 
at 560 m/x. In the spectrophotometric work the ambient 
room temperature wras approximately 25°.

Solubility Procedure.—A large excess of crystalline methyl 
red (HM form) wras added to the various buffer solutions in 
borosilicate bottles which were rotated at 25° for several 
days. The glass frit in the special sampling apparatus
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Wave length, m,u.
Fig. 1 .—Absorption spectra of methyl red. Curve 1 is 

the spectrum of the cation measured in 0.5 M  HC1. Curve 2 
is the calculated spectrum for the zwitterion in 2.5 X 10“ 4 

M  HC1 (isoelectric point) obtained by using the determined 
values of Qi and Q2 to correct the composite spectrum meas­
ured at this pH. Curve 3 is the spectrum of the anion 
measured in 0.01 M  NaOH. Curve 4 is the spectrum of 
methyl red dissolved in carbon tetrachloride, obtained 
with a 4.2 X 10 -i M  solution in a 5-cm. cell. The aqueous 
spectra were obtained with 1.00 X 10 ~ 6 M  solutions in 1 -cm. 
cells.

Fig. 2.—Equilibration and sampling apparatus: A,
sample well for pipetting; B, air pressure inlet; C, f  19/22 
joint; D, Corning 1560 bottle, used with external cap for 
equilibration; E, Tygon tubing; F, Corning 39535 fine 
porosity filter disk.

adsorbed methyl red from solution so the first filtered 
portions were rejected. Five-ml. samples were pipetted 
into 1 0 -ml. volumetric flasks and dilution to the mark was 
made with the inclusion of enough sodium hydroxide to in­
sure complete conversion to the yellow form. The absorb­
ances of the resulting solutions were measured at 425 m/j 
and were compared with the values obtained for a series of 
solutions of known concentration in the same cells. Beer’s 
law was followed closely and the molar absorptivity was 
calculated to be 2.07 X 104 l./mole cm.

Solvent Extraction Procedure.—Ten-ml. portions of 2.11 
X 10 ~ 3 M  stock solution of methyl red in carbon tetra­
chloride were equilibrated with equal volumes of the various

buffer solutions in borosilicate glass-stoppered tubes. These 
were kept in a constant temperature water-bath at 25° with 
removal for vigorous shaking eight times in a one-hour 
period. The phases were separated by centrifuging and 
were sampled by pipet. One-ml. portions of the carbon 
tetrachloride layers were allowed to evaporate and the 
residue was taken up in sodium hydroxide, diluted to known 
volume, and the absorbance was measured at 425 m/i. 
Seven-ml. aliquots of the aqueous layers were made basic 
with sodium hydroxide, diluted to 1 0  ml. in volumetric 
flasks, and were measured similarly.

Calculations.—In all parts of this study the data were 
interpreted with the aid of an IBM 610 digital computer 
which applied the method of least squares and calculated the 
limits in the equilibrium quotients corresponding to 90% 
confidence. 8 In the spectrophotometric work corrections, 
no matter how small, were applied for the dilution inherent 
in the use of the ultramicroburet, and in all of the inter­
pretations the mutual existence of all three forms of methyl 
red was recognized even though one would be present to an 
almost negligible extent.

In the spectrophotometric determination of Q% the ionic 
strength was 0.022, and the pH values for the acetate buffers 
were calculated using 2.33 X 10~ 6 for the dissociation quo­
tient of acetic acid at 25°.9 The acetate buffers used in the 
solubility study had an ionic strength of 0 .0 2 0 , and Qa for 
acetic acid was taken as 2.31 X 10~6. The pH values for 
the hydrochloric acid solutions were simply calculated by 
molarity-volume relationships recognizing complete ioniza­
tion.

Discussion and Results
Spectrophotometric Studies.—In the standard 

spectrophotometric determination of equilibrium 
quotients relating conjugate pairs one chooses a 
wave length at which the molar absorptivities of 
the two forms differ as greatly as possible, prepares 
a series of solutions having the same total con­
centration of colored material but varying pH, and 
determines the effect of pH on the absorbance, A .  
At one end of the series is a solution sufficiently 
acidic to cause quantitative formation of the “ acid 
species”  while at the other end is a basic solution 
which contains only the “ alkaline species”  in 
significant concentration. The intermediate solu­
tions have pH values such that appreciable amounts 
of both colored species are present, and under these 
ideal conditions the equilibrium quotient may 
be calculated from the equation

Q = [H30 +] 4——qjyy (1)
basic

where [H30+] is the acidity (moles per liter) of 
the intermediate solution having the absorbance 
A, and the other absorbances refer to the two ex­
treme solutions in the series.

With methyl red it is not possible to make a 
direct determination of the molar absorptivity of 
the zwitterion, HM, because the quotients Qi and 
Q2 differ only by a factor of about 250, and even 
at the isoelectric point (pH «  3.6) only about 90% 
of the dye exists as the zwitterion. For the de­
termination of Q2 equation 1 may be rearranged as

A = ^ liir r iq 1 +  Ahm (2)
where A m is the absorbance of the basic solution 
containing only the yellow form, M~, Ahm is the 
lion-measurable absorbance of a hypothetical

(8) F. S. Acton, “ Analysis of Straight-Line Data,”  John Wiley and 
Sons, New York, N. Y., 1959.

(9) H. S. Harned and B, B. Owen, “ The Physical Chemistry of 
Electrolytic Solutions,”  3rd edition, Reinhold Publ. Corp., New York, 
N. Y., 1958, p. 676.
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solution containing only the zwitterion, and A is 
corrected for dilution and for the presence of a 
small amount of H2M +. Although A hm is unknown 
it is presumed to be constant for a given run, and 
therefore equation 2 predicts that a plot of the 
absorbance, A, vs. the quantity (Am — A )/[H 30 +] 
should be linear with an intercept equal to the value 
of Ahm (of incidental interest) and a slope of Qi. 
Thus, the unknown quantity is not needed. This 
approach was used in separate runs at three wave 
lengths, yielding the data and calculated quantities 
shown in Table I. The linear relationships il­
lustrated in Fig. 3 were interpreted to give the 
values and confidence limits of Q2 as summarized 
in Table II. On the assumption that the activity 
coefficient of the zwitterion is unity at the ionic 
strength of 0.022 and using 0.86 as the value of the 
activity coefficient of a singly-charged ion10 we 
calculate the thermodynamic value of the equi­
librium constant, fv2, to be 1.11 ±  0.01 X 10~6. 
However, this confidence limit does not include 
the uncertainty in the activity coefficients.

T a b l e  I
D a t a  fo e  Spe c tk o ph o to m e t b ic  D e t e r m in a t io n  o f  Q2

Obsd. Absorbance IO"4 X (Am-A )/[IL O +1
[HsO+] 420 405 390 420 405 390
X 10° rriyu mu m/t niju m fi

3 X IO'* 1.049 0.980 0.848
1.135 0.666 .598 .513 3.358 3.351 2.939
1.513 .603 .533 .457 2.932 2.940 2.571
1.891 .554 .478 .411 2.602 2.641 2.299
2.269 .514 .442 .378 2.343 2.358 2.060
2.647 .482 .409 .349 2.128 2.144 1.874
3.026 .455 .384 .324 1.950 1.958 1.722
3.404 ,432 .360 .306 1.800 1.810 1.583
3.782 .413 .342 .289 1.670 1.676 1.469

T a b l e  II
S p e c tr o ph o to m e t r ic  R e su l ts  f o e  Q2

Wave length, m/t Qt X 10* Confidence (90%)
420 1.488 ± 0.006
405 1.509 ± .051
390 1.515 . ± .027

av. 1.504 ± .013

In the determination of Qi the situation is still 
further from the ideal because the absorption spec­
tra of the two red forms are so similar. The maxi­
mum difference is at about 560 mp on the steeply 
rising side of the peaks. In this case the extreme 
“ basic”  solution would be the one containing only 
zwitterion and as discussed above such a solution 
cannot be prepared. Nevertheless, equation 1 
may be rearranged differently to give

[H,0+] (A  -  A hsm) = - Q i  A  +  Q, A bm (3)
Again it becomes unnecessary to know the value 
of Ahm because this equation predicts that a plot 
of the quantity on the left side vs. the negative of 
the corresponding absorbance values would be a 
straight line with a slope equal to Qj. However, 
it clearly is necessary to know the value of Ah!m 
and one would expect to determine this quantity 
by adding strong acid to the solution until the 
absorbance at 560 mp stopped decreasing and be­
came constant, showing quantitative conversion 
to the red cation species. When this was tried 
the absorbance did not become constant but

(10) J. Kielland, J. Am. Chem. Soc., 59, 1675 (1937).

Fig. 3.—Spectrophotometric determination of Q2, at 420 (1), 
405 (2), and 390 (3) mM.

went through a minimum and began increasing 
at acidities too low (less than 0.4 M) to cause 
quantitative conversion to H2M+. This indicates 
that another proton is adding to the methyl red 
cation causing a change in the spectrum, or else 
that the spectrum shifts slightly as the ionic 
strength becomes large. In any case it becomes im­
possible to make a direct determination of the value 
of A hsm* Equation 3 indicates that the use of too 
large a value for A^m would cause negative devia­
tions from linearity as the absorbance, A, ap­
proached similar values in the more acid solutions. 
Positive deviations would be caused at the “ acid 
end”  of the plot in case too small a value were used 
for Ah,m- These observations suggested the use 
of a series of values for this quantity. In each 
case the computer was used to calculate the slope 
of the line and the sum of the squares of the devia­
tions. The values of A were corrected for dilu­
tion and for the presence of small amounts of M~. 
The value of 0.676 thus was found to result in the 
best linear fit of the data, and slight variations from 
this value caused obvious curvature at the “ acidic 
end”  of the graph. The data necessary for the 
determination of Qi are in Table III, and Fig. 4 
shows the linear plot siggested by equation 3. 
The least-squares slope gives a value of 0.00401 
±  0.00003 for Qi.

T a b l e  III
S pec tr o ph o to m e t r ic  D a t a  f o r  D e t e r m in a t io n  o f  Q i

[H30  + ] 
X 10* .4.560

[H30 +] 
(A -  

0 676) 
X 10*

[H30 +] 
X 10* A 660

[H 30 +] 
(A -  
0.676) 
X  10*

0.4193 1.091 0.1864 2.490 0.961 0.747
. 5587 1.084 .2407 2.763 .948 .795
.6979 1.075 .2918 4.143 .901 .991
.8369 1.065 .3396 5.522 .870 1.146
.9757 1.054 .3838 6.900 .843 1.243

1.114 1.045 .4274 8.278 .825 1.341
1.254 1.035 .4677 11.03 .794 1.445
1.391 1.026 . 5059 13.78 .773 1.517
1.667 1.0G7 .5744 19.26 .747 1.630
1.942 .990 .6366 24.73 .730 1.688
2.217 .974 .692 30.19 .718 1.722

In the determination of Qi the ultramicroburet 
was used to add acetic acid, which did not change 
the ionic strength of tie  solution. However, in 
the study of Qi hydrochloric acid was added and
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Fig. 4.—Spectrophotometric determination of Qi.

Fig. 5.—Determination of Q> through solubility in acetate 
buffers.

the ionic strength changed gradually from zero 
to a highest value of 0.03, so that activity coef­
ficients were not constant during the run. How­
ever, since the expression for involves the ratio 
of concentrations of two singly-charged ions it is 
a fair approximation to state that the value of 
Qi does not vary in the range of low ionic strengths 
used. Therefore we conclude that the above- 
mentioned value of 0.00401 also serves as the 
thermodynamic value, ~K\.

An interesting approach to the spectrophoto­
metric determination of Qi and Q2 has been de­
scribed by Reilley and Smith,7 who used the prin­
ciples of complementary tristimulus colorimetry 
in various applications including the determination 
of indicator pK  values. Their method did not 
require direct measurement of the spectrum of the 
Zwitterion, but made use of the intersection of two 
straight lines relating the tristimulus ehromaticity 
coordinates derived with the help of an analog

computer from the absorption spectra obtained as 
a function of pH. They obtained 5 X 10~3 for 
Qi and 1.05 X 10“ 5 for Q2 but do not specify ionic 
strength, temperature or confidence limits, pre­
sumably because methyl red was chosen merely 
as an illustrative example of this new approach.

Solubility Studies.— A saturated solution of 
methyl red will contain all three forms of the dye in 
equilibrium with solid HM. The molar solubility, 
S, is given by

S  = [H2M+] +  [HM], +  [M-] (4)
where the subscript s indicates that the molarity 
of the zwitterion is the ' ‘intrinsic solubility”  of 
the uncharged species. For simplicity we call 
this quantity Qo, and in view of the definitions of 
Qi and Qi equation 4 becomes

= Qq[H3Q+] 
Qi

+  Qo +
Q0Q2

[HsO+J (5)

Simple differentiation shows that the solubility goes 
through a minimum when [H30 +] becomes equal 
to i.e., at the isoelectric point. The
solubility study is conveniently divided into two 
parts, one dealing with buffer solutions well above 
the isoelectric pH and the other in more strongly 
acid solutions.

In the determination of Q2, using acetate buffers 
of ionic strength 0.0200, the dye was present almost 
entirely as HM and M _ and a more useful version 
of equation 5 is

S  - Qo[H30+]
Qi

= S' — Qo +
Q. Q2

[HsO+I (6)

where S' is the solubility corrected for the presence 
of a slight (less than 0.5%) amount of H2M +. 
Equation 6 predicts that a plot of S' vs. 1 /[H 30 +] 
should be linear with an intercept equal to Qo and 
a slope equal to Q0Q2. Thus, the slope/intercept 
ratio would yield a value for Q2. The data are 
in Table IV and Fig. 5 shows the linear plot. The 
least-squares analysis gives 0.597 X 10~B ili for 
the intrinsic solubility and 1.50 ±  0.24 X 10-B for 
the value of Q2, in startling agreement with the 
spectrophotometric result but with lower precision.

T a b l e  IV
So l u b il it y  D a t a  f o r  D e t e r m in a t io n  o f  Qi U sin g  

B u f f e r s  C o n t a in in g  0.0200M NaOAc
[HOAc] X 10s io - s/ [ h 3o +] S X 10s

3.58 2.418 2.829
3.80 2.278 2.609
4.28 2.023 2.388
4.72 1.834 2.208
5.72 1.514 1.929
8.575 1 . 0 1 0 1.480

17.15 0.505 1.090

In the second part of the solubility study a 
series of hydrochloric acid, potassium chloride 
buffers were used which had ionic strengths of 
0.0200. In these solutions only a very small 
amount of M -  was present, and equation 5 takes 
the form

QnQi
[H30+] — »S' — Qo +

Qo[H30+]
Qi

(7)

According to this equation a plot of S' vs. [H30  + ]



March, 1962 Acid-B ase Equilibria of Methyl Red 581

should be a straight line with an intercept equal to 
Go and an intercept/slope ratio equal to Qv The 
data are in Table V and the linear plot is shown in 
Fig. 6. The least-squares treatment yields 0.602 X 
10 ~6 M  for Q0 in excellent agreement with the value 
obtained using the acetate buffers. The average 
of the two 90% confidence limits on Q„ is ±  0.07 X 
10~5 M. The intercept/slope ratio gives 0.0039 
±  0.0003 as the value of Qi, in very good agreement 
with the spectrophotometric value but less precise.

T a b l e  V
So l u b il it y a n d  E x t r a c t io n C o e f f ic ie n t  R e s u l t s

H C 1 -K C 1  B u f f e r s o f  n  =  0 . 0 2 0 0

[H 30 +] X 10= 5  x  10s E X 103
1 0.783 3.521
4 1.208 5.405
7 6.993

1 0 2.106 8 . 8 8 8

13 2.647 10.48
16 3.082 12.40
2 0 3.681 14.65

Solvent Extraction Study.— In principle the sol­
vent extraction approach is very similar to the 
solubility method. In both cases an aqueous buffer 
is equilibrated with an “ inexhaustible reservoir” of 
HM, and the transfer of methyl red to the buffer 
goes through a minimum at the isoelectric point. 
However, we have not attempted an extraction 
study at the higher pH values because of the com­
plications which would be introduced by the distri­
bution and dimerization of acetic acid. The 
hydrochloric acid, potassium chloride buffers of 
ionic strength 0.0200 were used and a diagram of 
the equilibrium system may be shown as
Aqueous

layer

Organic
layer

H2M + < HM(zwitterion) *~ M “ (slight 
ĵ j. amount)

HM(non-ionic)
------------------------|t .----------------------------

HM(non-ionic)

The distribution of HM between the two phases 
has been indicated in two steps, (1) the “ true” 
distribution of the non-ionic form which would 
have a distribution coefficient /%, and (2) the 
zwitterion formation which is presumably a proc­
ess having an equilibrium constant K z. In 
practice it is not possible to observe the presence 
of the non-ionic form in the aqueous phase and we 
resort to writing a combined distribution coeffi­
cient, D =  [HM]a,j/[H M ]org, which includes both 
Kd and I\z.

Following Sandell11 we define an extraction co­
efficient, E, to be the ratio of the total aqueous 
methyl red concentration to the total organic layer 
concentration. When the quotients Qh Q2, and 
D are algebraically combined we find that

= J>[H30+] 
Qi

+  D  + DQ-2
[H.,0+] (8)

The right-hand term of equation 8 is due to the
(11) E. B. Sandell, “Colorimetric Determination of Traces of

Metals,” 3rd edition, Interscience Publishers, New York, N. Y., 1959,
p. 55.

102[H3O+],
Fig. 6 .—Determination of Qi through solubility in HC1-KG1 

buffers.

Fig. 7.—Determination of Qi through distribution of 
methyl red between carbon tetrachloride and HC1-KC1 
buffers.

presence of a slight amount of M _ in the series of 
solutions. This term can be evaluated with 
ample accuracy because Q2 is known from the 
other studies and D can be determined by suc­
cessive approximations. In any case, the term is 
very small compared to the others and we write

E' D  +
D[H30 +]

Qi
(9)

which suggests that a plot of E' vs. [H30  + ] (anal­
ogous to the solubility study at higher acidity) 
would be linear with an intercept equal to D and 
an intercept/slope ratio equal to Qi. The data 
are in Table V and Fig. 7 shows the straight-line 
plot. The least-squares calculations give a value 
of 0.00295 ±  0.00013 for the distribution coeffi­
cient. The results are fairly precise and yet the 
value for %  (0.0050 ±  0.0002) is significantly 
higher than those obtained in the spectrophoto­
metric and solubility studies. A possible explana­
tion for this difference is that the HM form of 
methyl red tends to associate with the carbon 
tetrachloride which has dissolved in the aqueous 
phase. This would shift the aqueous equilibrium 
somewhat in favor of HM, or in other words would 
make H2M+ appear to be a bit stronger as an acid.

It might be asked whether methyl red undergoes 
polymerization in the carbon tetrachloride solu­
tions. Attempts to study this were inconclusive 
and this aspect was not pursued because in the 
extraction study so little dye wms transferred from 
the organic layer that the effect of dimerization
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would be constant, and would mean only that D 
as reported here was not a true monomer distri­
bution coefficient.
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Tunnelling corrections have been evaluated for the unsymmetrical Eckart potential for ranges of parameters expected for 
ordinary chemical reactions at ordinary temperatures.

In computing chemical reaction rates using acti­
vated complex theory, one must include a cor­
rection for quantum mechanical barrier penetration 
and non-classical reflection, the effects referred to 
as “ tunnelling.”  For small degrees of tunnelling, 
a correction was derived by Wigner.1 Bell2 
worked out the tunnelling problem for a truncated 
parabola and a Boltzmann distribution of incident 
systems. Shavitt3 and Johnston and Rapp4 com­
puted tunnelling corrections for symmetrical Eck­
art6 functions for chemically interesting values of 
the parameters involved. The present article 
presents similar calculations for the unsymmetrical 
Eckart function.

Eckart’s one-dimensional potential energy func­
tion is

y  =  _  A y _______B y

1 - 2 /  (1 -  2/)2 
y  =  — exp(2ir x /L )

(1)
(2)

where x is the variable dimension and L is a char­
acteristic length. For the symmetrical function, 
A  is zero. Both a symmetrical and an unsym-

Fig-1 .-—Symmetrical and unsymmetrical Eckart function. 
E  is one example of the variable energy considered in eq. 13. 
V *  is the same as AFi. F *  is d2 F/da; 2 evaluated at the 
maximum.

(1) E. Wigner, Z. physik. Chem. (Leipzig), B19, 203 (1932).
(2) R. P. Bell, Trans. Faraday Soc., 6 5 ,  1 (1959).
(3) I. Shavitt, Theoretical Chemistry Laboratory, University of Wis­

consin, Madison, Wisconsin, Report AEC-23, Series 2, 3 (1959).
(4) H. S. Johnston and D. Rapp, .7. Am. Chem. Soc., 83, 1 (1963).
(5) C. Eckart, Phys. Rev., 35, 1303 (1930).

metrical Eckart function are given by Fig. 1. 
It is seen to be flat at both — co and +  co. The 
maximum value is AFi above the value at — co and 
AF 2 above the value at +  oo. F* is the second 
derivative of the potential energy function evalu­
ated at its maximum. The parameters A, B, 
and L in eq. 1 and 2 are related to AFj, A IF, and 
F* of Fig. 1 by

A  = AF, -  AF2 (3)
B  =  [( AF2 )‘A +  (AF1 )‘A] 2 (4)

2 V -( -F i )V'[(XTO7i + <iU)V.]"‘ <5)
The inverse relations are

AFi = (A  +  B Y /A B  (6 )
AF2 = (A -  B y /A B  (7)

—F* = 7r2(T2 -  B2)/2L2£ 3 (8)
A particle of mass rn and energy E  approaching the 
barrier is characterized by the parameters u*, 
«i and <*2

u * = h v * /k T 0 )
V* =  (l/27r)( —F * /m y A ( 1 0 )
oil = 2rrA V i/hv* (ID
« 2  — ZirAVz/hv* ( 1 2 )

In these variables, the probability k(E) that a 
particle starting toward the barrier with energy 
E at — co will pass the barrier and appear later 
at +  co with energy E  is found by solving Schroe- 
dinger’s equation for the Eckart function, and the 
transmission probability is5

_  . cosh 27r(u — 6) +  cosh 2ird 
1 ' cosh 2 w(a +  6) +  cosh 2 ird (13)

where
27ra = 2 [ai£]1/* (ai” V* +  â “ 1/ 2 ) - 1 (14)
2 tt6  = 2  [( 1 +  Da, — a,]l/j(oi-1/i +  a2 - 1/ 2)- l (15)
27rd — 2 [aio'2 — 47t2/16] V2 (16)

£ = E /A V i (17)
When d is imaginary, the function cosh 2xd in eq. 
13 becomes cos 2ir|d|.

The tunnelling correction factor r* is interpreted 
as

p* _  quantum mechanical rate 
classical mechanical rate

With a Boltzmann distribution of incident particles
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T a b l e  I
C om pu ted  B a r r ie r  P e n e t r a t io n  Q u a n tu m  C o r r e c t io n s  T * from  U n sy m m e t r ic a l  E c k a r t  B a r r ie r s  as  a  F unction

OF at, CH2) AND U*
---- ----------------- ----------------------------- -------- ---«/.*---—---- -------------- - — — — — - .

«1 at 2 3 4 s
0.5 0.5 1.16 1.25 1.34 1.44

1 1.13 1.21 1.29 1.38
2 1.09 1.14 1.20 1.27
4 1.04 1.07 1.11 1.16
8 0.99 1.00 1.03 1.06

12 0.96 0.97 0.99 1.02
16 0.94 0.95 0.97 0.99
20 0.93 0.94 0.95 0.97

1 1 1.27 1.43 1.62 1.83
2 1.21 1.35 1.51 1.71
4 1.14 1.24 1.37 1.53
8 1.0S 1.16 1.26 1.39

12 1.06 1.12 1.21 1.33
16 1.04 1.10 1.18 1.29
20 1.03 1.08 1.16 1 .26

2 2 1.32 1.58 1.91 2.34
4 1.26 1.47 1.77 2.16
8 1.19 1.36 1.61 1.93

12 1.16 1.32 1.54 1.84
16 1.14 1.29 1.50 1.78
20 1.12 1.27 1.47 1.74

4 4 1.30 1.58 2.02 2.69
8 1.25 1.51 1.93 2.56

12 1.22 1.47 1.86 2.46
16 1.20 1.44 1.81 2.39
20 1.19 1.42 1.78 2.34

8 8 1.24 1.56 2.04 2.94
12 1.22 1.54 2.04 2.96
16 1.21 1.53 2.02 2.93
20 1.20 1.51 2.00 2.90

12 12 1.2 1.5 2.1 3.1
16 1.2 1.5 2.1 3.1
20 1.2 1.5 2.1 3.1

16 16 1.2 1.5 2.1 3.2
20 1.2 1.5 2.1 3.2

20 20 1.2 1.5 2.1 3.2

at — o° in Fig. 1, the correction factor can be ex­
pressed as

r * =  «aEi/kT J j  e -E /k T  K{ E ) i ( E /k T ) (18)

With the transmission function given by eq. 13, 
we have numerically integrated eq. 18 by means of 
the IBM 704 computer at the Berkeley Computing 
Center. The results can be expressed in terms of 
ah a2 and u*, eq. 9-12. For chemically interesting 
values of these parameters, the quantum correction 
factors are listed in Table I. It can be seen that 
for a given m and u*, the tunnelling correction is 
moderately sensitive to the value of a2. One would 
make a fairly large error, in most cases, if one used 
the symmetrical Eckart correction3.4 for an un­
symmetrical case. It should be further noted5

6 8 10 12 16
1.55 1.80 2.09 2.42 3.26
1.47 1.68 1.93 2.22 2.94
1.34 1.51 1.71 1.94 2.53
1.22 1.35 1.50 1.69 2.16
1 .11 1.21 1.34 1.49 1.88
1.06 1.15 1.26 1.40 1.76
1.02 1.11 1.22 1.35 1.68
1.00 1.08 1.19 1.31 1.64
2.09 2.72 3.56 4.68 8.19
1.93 2.50 3.26 4.28 7.48
1.71 2.16 2.78 3.60 6.16
1.54 1.92 2.43 3.12 5.25
1.46 1.81 2.28 2.91 4.88
1.42 1.75 2.20 2.80 4.66
1.39 1.70 2.14 2.72 4.52
2.90 4.55 7.34 12.1 34.0
2.66 4.20 6.85 11.4 33.4
2.36 3.65 5.87 9.69 28.0
2.23 3.41 5.44 8.94 25.6
2.15 3.27 5.20 8.51 24.2
2.10 3.18 5.03 8.22 23.3
3.69 7.60 17.3 42.4 304
3.56 7.57 18.0 46.7 376
3.39 7.16 17.0 44.0 354
3.28 6.88 16.2 41.9 335
3.20 6.68 15.7 40.3 321
4.54 13.8 57.0 307
4.68 15.4 71.7 445
4.65 15.6 74.4 473
4.61 15.5 74.2 474
5.2 22 162 1970
5.4 25 220 3300
5.4 26 246 3920
5.7 32 437
5.9 37 616
6.1 46 1150

th a t  i f  a i a n d  a 2 
T *  is u n a ffec ted .

a re  in te rc h a n g e d , th e  v a lu e  o f

I n  re f. 4  and 6, i t  w as em phasized th a t  fo r
chemical reactions, AFi is not the activation energy. 
The one-dimensional reaction coordinate does not 
extend from the activated complex to the products 
or reactants. The reaction normal mode, when 
extended beyond the quadratic region near the 
saddlepoint, soon encounters “ side-wall-repulsions” 
on the two-dimensional potential energy surface. 
In fitting an Eckart potential to a potential energy 
surface for a chemical reaction, — °o is not at re­
actants and +  °° is not at products; rather in terms 
of the potential energy surface, — is a cirque 
immediately adjacent to the col and +  °° is a similar 
cirque on the other side of the col.

(6) H. S. Johnston, Advances in Chem. Phys., 3, 131 (1961).
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IONIZATION CONSTANT OF 2,2 '-DIH YDRQXYBIPHEN YL IN LIGHT AND
HEAVY WATER

By John E. Gordon and S. L. Johnson

M ellon Institute, Pittsburgh 18, Pennsylvania  
Received November 8, 1961

The first ionization constant of 2 ,2 '-dihydroxybiphenyl has been measured in light and heavy water at 25°, giving the 
values of p K ,n = 7.56 and K i ^ /K f i  = 6.34. ifJVAY1 is estimated to be 106 or greater. This large isotope effect on pK i  
and the large separation between pl\ J1 and pA'2H reflect the formation of a strong hydrogen bridge in the monoanion.

In comparison with the acid salts of carboxylic 
acids, (RCiLLH- , M+, little is known about hydro­
gen bonding in the acid salts of phenols, although 
a number of these have been known in the solid 
state for many years.1 Zollinger and Büchler1 2 
report p K  values from potentiometric titrations 
of dihydroxynaphthalenesulfonic acids, and iden­
tify the wide separation of the first and second dis­
sociations of the 1,8-dihydroxy compounds with 
formation of a strong hydrogen bridge in the mono­
anion. Mahler3 gives approximate p K  values for 
chloro derivativesof bis-(2-hydroxyphenyl)-methane 
which appear to show the same effect.

This article reports precise measurements of the 
thermodynamic first dissociation constant of 2,2'- 
dihydroxybiphenyl, one of the simplest dihydric 
phenols geometrically well disposed for formation 
of a hydrogen-bridged monoanion.

Experimental
Materials.—Aldrich Chemical Co. 2,2'-dihydroxybi- 

phenyl was crystallized five times from toluene and sublimed 
at 60° and ICR4 5 mm. shortly before use, m.p. 108.5-109.5° 
(lit. 4 m.p. 108°); equiv. wt. calcd., 186.2; found, 186.6. 
Distillation Products white label p-nitrophenol was crystal­
lized four times from water and sublimed as above, m.p.
112.5-113.5° (lit. 6 m.p. 113.8°). Disodium hydrogen phos­
phate, A. R. grade, was crystallized twice from water and 
was air-dried before oven-drying. Potassium dihydrogen 
phosphate, A. R. grade, was crystallized twice from water, 
once from 50% ethanol, and once again from water. Fisher 
certified sodium chloride was precipitated twice from satu­
rated aqueous solution with ethanol. The preceding salts 
were dried overnight at 126° before use. Water deionized 
with a mixed-bed ion exchanger and possessing a specific 
resistance ~5 X 106 ohm/cc. was used throughout. The 
deuterium oxide (Stuart Oxygen) had a deuterium fraction 
>0.995. For preparation of the buffer solutions, both 
water samples were boiled and cooled in a nitrogen atmos­
phere.

Equilibrium Measurements.—Absorbance values of solu­
tions of the phenols in appropriate buffer solutions and in 
0 . 0 1  m  sodium hydroxide and 0 . 0 1  m  hydrochloric acid were 
determined on a Beckman DU spectrophotometer equipped 
with an efficiently thermostated cell compartment in which 
the temperature of the solutions was held at 25.00 ±  0.01°; 
the data are given in Tables I—III. Absorbance values were 
corrected for absorbance of the pure buffer. The 0.01 m 
NaOD (carbonate-free) was prepared from sodium and the 
above deuterium oxide; the 0.01 m DC1 was prepared from 
Merck 38% DC1 with deuterium fraction >0.94.

Preliminary measurements showed that the second 
ionization of 2 ,2 '-dihydroxybiphenyl cannot be detected

(1) (a) .1. Fritzsche, A n n., 110, 130 (1859); (b) G. J. van Meurs, 
Z. physik. Chem., 91, 313 (1916).

(2) H. Zollinger and W . Büchler, Helv. Chim. Acta, 34, 591 (1951).
(3) W. Mahler, J . A m , Chem. Soc., 76, 3920 (1954); the use of borate 

buffers makes these measurements difficult to interpret, as it is known 
that boric acid forms stable complexes with dihydric phenols [e.g., 
H. Schäfer, Z. anorg. u. allgem . Chem., 260, 127 (1942)].

(4) W. R. Spencer and F. R. Duke, A n al. Chem., 26, 919 (1954).
(5) N. V, Sidgwiek, W. J. Spurrell, and T. E. Davies, J. Chem. Socq

1202 (1915),

even in 0.1 N  alkali (Fig. 1); hence the material can be 
treated as a monobasic acid in measuring p K , near pH 7.

Three types of experiment were performed. In method a 
p K i was computed from equation 1  and the measured de-

p K  = pH — log z-- -------- log 7 ArO~ (1)1 — a
grees of dissociation obtained from a = (Ebuitcr — E hci) / 
(E x aOH — E k c i). The pH of the buffer was obtained from 
the accurate e.m.f. data of Bates and Acree6 (using their 
equation 24). Values of pH for the deuterium oxide solu­
tions were computed using the K ^ / K P  value (3.62) for 
phosphoric acid determined by Rule and LaMer7 and the 
expression of Bates and Acree® for the activity coefficients, 
thus introducing the assumption that the activity coefficient 
quotient is the same in light and heavy water. Davies’ 8 

equation, —log 7 -  = 0.509 vW ( 1 +  \/m) — 0.1 y  wTas 
used to compute 7 Aro~, and a small correction (ApH in 
Table I) for the effect of the substrate on the pH of the buffer 
was computed from the formula of Robinson and Kiang. 9

In method b the pH of the buffer was obtained by measur­
ing the degree of dissociation of p-nitrophenol in a separate 
portion of the buffer and employing the carefully measured 
value (7.149) of Robinson and Biggs10 for the p K  of this 
indicator. Assuming that log 7 Aro- is the same for the sub­
strate and indicator anions, and letting a 1 and E 1 represent 
the degree of dissociation and the optical density for the 
indicator, equation 1  can be transformed to

p K  = pEJ  +  log °5( 1  ~  “ j (2)o:(X — aL)
which was used to obtain the results in Table II . 11' 12 The 
agreement with method a is good.

Method c is an improved version of that used by Martin 
and Butler, 13 in which measurement of the degree of dis­
sociation of the substrate in identical buffers made up in 
light and heavy water yields K a/ K B by use of
log (A'H/I£D) = log ( K * / K ? ) i,u,[or +

log ( « /( l  -  «))H/( « / ( l  -  oO)D (3) 
This involves the same assumption as method a; the value

(6) R. G. Bates and S. F. Acree, J. Research Natl. Bur. Standards, 30, 
129 (1943).

(7) C. K . Rule and Y. K . LaMer, J. Am. Chem. Soc., 60, 1974 
(1938).

(8) C. W. Davies, J. Chem. Soc., 2093 (1938). This gave a better 
extrapolation to zero ionic strength than did use of 0.2 as coefficient 
of the linear ionic strength term, which was found to be superior for a 
number of phenols by Robinson [in Hamor, “ The Structure of Elec­
tro ly tic  Solutions,”  John Wiley and Sons, Inc., New York, N. Y ., 1959, 
p. 253].

(9) R. A. Robinson and A. K . Kiang, Trans. Faraday Soc., 51, 1398 
(1955).

(10) R. A. Robinson and A. I. Biggs, ibid., 51, 901 (1955).
(11) Equation 2  is s tric tly  accurate only i f  the pK  values and con­

centrations of substrate and indicator are closely enough matched tha t 
the corrections ApH are equal for the two, as is the case in the present 
system; otherwise, a correction is readily applied.

(12) Since i t  requires no knowledge of the pH  of the buffer used, 
method b seems ideally suited to measurements in pH ranges where no 
buffers of accurately known pH are available (especially in deuterium 
oxide where the choice of buffer is greatly restricted) or where the 
buffer systems of accurately known pH interact chemically (e.g., bof* 
ate) w ith, or absorb ligh t iri the same wave length range as the sub* 
strate.

(13) D. C. M artin  and J. A, V. Butler, J. Chem. Soc., 1366 (1939);
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T a b l e  I
I o n i z a t i o n  o f  2 , 2 ' - D i t i y d r o x y b t p h e n y l  i n  P h o s p h a t e  B u f f e r s  a t  2 5 . 0 0 °  b y  M e t h o d  a

A. H20
X“ pH A6 b„S«T “  log a:/(l — a) — log 7ArO- — ApH pKi

0.01528 0.10067 7.035 0.1875 0.4115 0.113 0.001 7.559
.007599 .05005 7.115 .204 .3575 .088 .002 7.559
.003797 .02501 7.180 .217 .317 .067 .004 7.560
.001898 .01250 7.232 .225 .2925 .050 .009 7.566

av. = 7.561
B. d20

X“ pD Rebuff er -  log a /(l  -  a) - log 7ArO- -  ApH pKi

0.01134 0.09085 7.723 0.208 0.535 0.109 0.001 8.366
.005589 .04479 7.802 . 233 .469 .085 .002 8.354
.002985 .02392 7.860 .239 .454 .066 .005 8.375
.001389 .01113 7.915 .258 .407 .048 .012 8.358

av. = 8 . 3 6 3

“ mKuiPOt = x, i»Naci = 1.0001 x, TONa2Hpo4 = 1.5289 x- 1 Optical density at 308 m/x; substrate concentration = 7.70 X 10“ 6 

m ; E n »o h  =  0.6505, EHci =  0.008, both measured at 0.01 m . c » i k h ip o i  =  x, »»N aci =  1.008 %, mNazHPOi =  2.0018 x- 
d Optical density at 309 m/i; substrate concentration = 1.09 X 10-4, Enioh = 0.907, Ehci =  0.004. Measurements at two 
other wave lengths gave identical degrees of dissociation.

Table II
I o n i z a t i o n  o f  2 , 2 ' - D i h y d r o x y b i p h e n y l  i n  P h o s p h a t e  B u f f e r s  a t  2 5 . 0 0 °  b y  M e t h o d  b

X“ Eb a ßl C , X«1 (1 -  «)lo£ n t\ oc(l — a1) pKi

0.01213 0.0848 0.230 0.3455 0.548 0.574 0.407 7.556
0.006048 0.0423 0.246 0.370 0.5775 0.605 0.416 7.565

av. = 7.56o
° mKHjPOi = x, »iNa!HPOi = 1 . 9 9 8  x- b Optical density at 3 0 8  m/x; substrate concentration = 7 . 7 0  X 1 0 - 5 ra;2i?N aO H  = 0 . 6 5 0 5 ,  

E-k c i =  0 . 0 0 8 .  c Optical density at 4 0 6  m/x; substrate concentration =  5 . 4 5  X 1 0 - 6 m; i/NaOH =  0 . 9 5 2 ,  E hci =  0 . 0 0 3 .

Table III
I s o t o p e  E f f e c t o n  2 , 2 ' - D i h y d r o x y b i p h e n y l  I o n i z a t i o n a t  2 5 . 0 0 °

. a/(l — a)H20

E a/(l -  a)D20¿?°bu£fer i?NaOH i?HCI c/(l -  a) logiKu/Kv)
H20 0 . 2 7 8 0 . 7 7 7 0 . 0 4 0 0 . 4 7 0

0 . 2 6 1 0 . 8 2 0

d 2o 0 . 1 8 1 0 . 7 4 0 0 . 0 3 7 0 . 2575
“ Optical density at 3 0 9  m/x in phosphate buffer: muazHPOi = 0 . 0 2 7 3 4 ,  t o k h j p o x  =  0 . 0 1 5 3 2 .

Ml.  NaOH.
2 3 4

Pig. 1.—Ionization of 2,2'-dihydroxybiphenyl: •, poten- 
tiometric titration of 0.3789 g. of phenol in 5 ml. of 50% 
methanol with N  NaOH; O, optical density at 308 m/x as a 
function of pH, determined in buffers of ionic strength ca. 
0 , 0 1  m  and containing 1 % methanol.

Fig. 2.—Deuterium oxide solvent isotope effects on acid 
ionization constants vs. acidity: O, phenols; A, carboxylic 
acids; •, alcohols; □, HC03~ and H2P04_. Taken from 
ref. 14 and from R. P. Bell, “The Proton in Chemistry,” 
Cornell University Press, Ithaca, N. Y., 1959, p. 188.
obtained for log K a / K D =  0.82 (Table III) checks that 
from Table I (0.80).

Discussion
The results in Table I lead to a deuterium oxide 

solvent isotope effect for the thermodynamic first 
dissociation constant of 2,2'-dihydroxybiphenyl, 
K n/Kr> =  6.34. This is a very large effect, as 
may be judged from Fig. 2, where it is seen that the
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vertical displacement from the curve on which 
“ normal”  acids fall fairly precisely is about the 
same as for maleic acid.14 These two acids have 
much larger isotope effects than “ normal”  acids 
because of the additional hydrogen frequency lower­
ing in the respective anions, I and II, due to the

^CH=CH

a  K
OH- • -0 

I

formation of a strong intramolecular hydrogen 
bond. “ Normal” acid anions hydrogen bond only 
weakly with a water molecule (hence, a highm- 
stretching frequency prevails in the hydrogen bond 
formed) leading to a smaller total OH frequency 
lowering in going from the acid to the anion, and 
therefore leading to a smaller isotope effect. In 
bimaleate ion the OH stretching frequency falls 
near 1650 cm.-1, a region characteristic15 of hy-

(14) G. Dahlgren, Jr., and F. A. Long, J. Am. Chem, Soc., 82, 1303 
(I960).

drogen bonds of the single, symmetric minimum 
variety. In agreement with the observed isotope 
effect, the OH stretching vibration in II also is 
found16 in the neighborhood of 1650 cm.-1. An­
other criterion supporting the conclusion that a 
strong hydrogen bond exists in II is that fv2, 
although it could not be directly measured, can 
be estimated (Fig. 1) to be a factor of 106 smaller 
than Ki. Hydroquinone is a good model for com­
parison since electrostatic effects in the dianions 
should be similar in the two compounds, the 
distance between oxygens being nearly the same 
in hydroquinone as in the trans conformation of the 
dihydroxybiphenyl; hydroquinone can form no 
intramolecular hydrogen bond in the monoanion, 
however, and the observed17 value of K 1/K2 is 
45. This large stabilization of the monoanion 
II may be compared with the situation in maleic 
(Ki/K‘i =  26,000) vs. fumaric (K 1/K2 =  32) acid.14

(15) R. Blinc, D. Hadzi, and A. Novak, Z. Elektrochem., 64, 567 
(1960).

(16) D. Hadii, private communication.
(17) H. Staude and M. Teupel, Z. Elektrochem 61, 181 (1957).

VISCOELASTIC PROPERTIES OF DILUTE POLYSTYRENE SOLUTIONS 
AND VERIFICATION OF THE ZIMM THEORY1

B y  R i c h a r d  B . D e  M a l l i e , Jr ., M e y e r  H. B i r n b o i m , J. E. F r e d e r i c k , N. W. T s c h o e g l , a n d
J o h n  D. F e r r y

Department o f Chemistry, University o f W isconsin , M adison, W isconsin  
Received November 9, 1961

Storage ((?') and loss ((?") shear moduli have been measured over a wide frequency range with the apparatus of Birnboim 
and Ferry for dilute solutions of a polystyrene with sharp molecular weight distribution, =  267,000, in a chlorinated 
diphenyl. The high viscosity of the solvent (2.2 poises at 25°) ensured that the viscoelastic dispersion fell within the experi­
mental frequency region. The concentration range was 0.5 to 4% and the temperature range from 0 to 40°. The results 
are in close accord with the theory of Zimm, as follows: (a) the ratio (G "  — an;.)/(?', where a is circular frequency and 
solvent viscosity, agrees with the theoretical value of 1.73 at higher frequencies; (b) 6 "  — ut]b and G ' are proportional to 
wVi in this region, though some deviation appears at higher concentrations; (c) the experimentally determined terminal 
relaxation times agree with those calculated from the solution viscosity within experimental error; (d) the molecular weights 
calculated from the Zimm theory are correct at low concentrations, though somewhat too high at the higher concentrations;
(e) the local effective viscosities calculated from the terminal relaxation times, at low concentrations, are close to the solvent 
viscosity. The sharp molecular weight distribution and the high solvent viscosity, which should minimize effects of internal 
viscosity of the polymer chain, probably are important in achieving the good agreement with the theory.

Introduction
The Rouse theory2 for viscoelastic properties 

has been applied-rather successfully to a variety 
of experimental data on concentrated polymeric 
systems. However, it would not be expected to 
give quantitative agreement with data on dilute 
solutions, since it neglects hydrodynamic inter­
action between different segments of the same 
molecule and it reduces to an unsatisfactory 
expression for the intrinsic viscosity at zero fre­
quency. As Cerf3 has pointed out, it is surprising 
that some measurements on dilute solutions appear 
to fit the Rouse theory quite well. Nevertheless, 
the available data are sparse and rather widely 
spaced on the frequency scale, especially at high

(1) Part X X X V III of a series on Mechanical Properties of Sub­
stances of High Molecular Weight. Presented at the Society of 
Rheology, Oct. 30, 1961.

(2) P. E. Rouse, J. Chem. Phys., 21, 1272 (1953).
(3) R. Cerf, Advances in Polymer Sci., 1, 382 (1959).

frequencies.4 More measurements are needed 
to make critical comparison of the Rouse theory 
with that of Zimm,6 which takes hydrodynamic 
interaction into account. (Neither theory accounts 
for internal viscosity of the polymer chain, w-hich 
may be important in solvents of low viscosity.3)

An essential difference between the predictions 
of the two theories is illustrated in Fig. 1, where the 
dimensionless reduced shear modulus components 
are plotted against a dimensionless frequency 
coR =  con. Here G'r =  G'M/cRT and G” r =  
(G" — coi7a)M/cRT; G' and G " are the storage 
and loss shear moduli, M  the molecular weight 
(assumed homogeneous), c the polymer concentra­
tion in g./ml., co the circular frequency, and p, 
the solvent viscosity; n  is the terminal or longest 
relaxation time in each theory.6 At high fre-

(4) W. P. Mason, “ Handb. d. Physik,”  Edited by S. Flügge, Vol. 
X I/1 , p. 361, Springer-Verlag, Berlin, 1961.

(5) B. H. Zimm, J. Chem. Phys., 24, 269 (1956).
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quencies according to the Rouse theory, G'r =  
G "r and both are proportional to w1''2; according 
to the Zimm theory, the ratio G"-r/G'r is not 1 but
1.73, and both quantities are proportional to wv*.

For an adequate experimental test, it is desirable 
to measure the shear moduli G' and G " at many 
rather closely spaced frequencies through a range 
of about two decades on each side of w =  1 /n , 
and to employ a polymer with the sharp molecular 
weight distribution which is assumed in the theories. 
Dilute solutions can be measured over a continuous 
frequency range from 0.01 to 400 c.p.s. in the ap­
paratus of Birnboim and Ferry,8 and the desired 
region near con =  1 can be encompassed by using 
a highly viscous solvent in which the terminal 
relaxation time is 102 to 103 longer than in ordinary 
organic liquids. The high viscosity probably has 
another advantage in that the frictional resistance 
to configurational changes provided by the en­
vironment of the polymer molecules is much 
higher than any intramolecular hindrance (internal 
viscosity) which might be present but is ignored 
in the theories.

The present paper describes some measurements 
on a sample of polystyrene with a sharp molecular 
weight distribution, dissolved in a chlorinated 
diphenyl, in a concentration range from 0.5 to 
4%  polymer by weight.

Materials.—The polystyrene, S-108, was generously 
provided by Dr. H. W. McCormick of Dow Chemical 
Company. It had been prepared by anionic polymerization 
followed by terminating the chains with water. 9 Its 
weight-average molecular weight was 267,000 and the ratio 
of weight to number average was 1.08.

The chlorinated diphenyl, Aroclor 1248, was donated by 
the Monsanto Chemical Company through the kindness of 
Mr. C. M. Williams. Its viscosity at 25° was 2.2 poises, 
determined by the falling sphere method with spheres of 
synthetic ruby, and its density was 1.442 g./ml. viscosities 
(vs) determined at other temperatures between 1 and 25° 
followed the empirical equation log rjB =  2.63 — 5.891/ 
(39.2 +  1), where t is Centigrade temperature. This equa­
tion was used to obtain values of ijB for subsequent calcula­
tions.

The intrinsic viscosity of the polymer irf this solvent also 
was determined by the falling sphere method to be 0.85 
dl./g. at 25°. This value is quite close to the predicted 
intrinsic viscosity of a polystyrene of this molecular weight 
in o-dichlorobenzene, a more conventional solvent of similar 
chemical nature—namely, 0.86 dl./g. The latter value is 
estimated from the data of Streeter and Boyer10 and estab­
lished viscosity-molecular weight relationships11 in benzene.

Method.—A few measurements were made with the 
apparatus of Birnboim and Ferry as originally described, 8 

but unless otherwise identified the data reported here were 
obtained after two important changes in procedure.

A flexible yoke was attached to the lower pole piece in 
such a way that by raising it the driving coil mounting could 
be forced up against the central pole piece and immobilized. 
A long threaded rod, projecting outside the brass case and 
the thermostat bath, is used to raise and lower the 
yoke while the apparatus is in operation. Thus, for 
operation in the impedance mode, the components of 6 7 8 9 10 11

(6) The numerical evaluations were made by Dr. S. E. Lovell7 of the 
Theoretical Chemistry Laboratory- Tables of values may be obtained 
upon request.

(7) S. E. Lovell and J. D. Ferry, J. Phys. Chem., 65, 2274 (1961).
(8) M. H. Birnboim and J. D. Ferry, J. A p p L  Phys., 32, 2305 

(1961).
(9) H. W. McCormick, F. M. Brower, and L. Kim, J. Polymer Sci., 

39, 87 (1959).
(10) D. J. Streeter and R. F. Boyer, Ind. Eng. Chem., 43, 1790 

(1951).
(11) P. J. Flory, “ Principles of Polymer Chemistry/’ Cornell Uni­

versity Press, Ithaca, N. Y ., 1953.

log con.
Fig. 1.—Logarithmic plots for the contributions of a 

polymer solute to the components of the complex shear 
modulus, as predicted by the theories of Rouse and Zimm.

log COOT-
Fig. 2.—Logarithmic plots of G ' and G " — coqa for 1% 

polystyrene S-108 in Aroclor 1248, referred to 25°: pip up, 
measured at 9.4°; pip right, measured at 24.8°. Curves 
represent the Zimm theory with the coordinates adjusted so 
the cross corresponds to the origin of the reduced plot in 
Fig. 1.

the clamped impedance, Rn and X 0, can be determined at 
every frequency immediately before or after the impedance 
in motion, R  and X .  The estimation of R 0 and X 0 at various 
frequencies and temperatures from empirical power series 
based on earlier calibration measurements thereby is elimi­
nated. Smaller values of R  — Ro and X  — X 0 (correspond­
ing to samples with higher viscosity and/or rigidity) now 
can be determined with adequate precision.

The method for determining the coefficient C  in the phase 
meter mode also has been modified so that frequent cali­
brations can be made while a sample is in the cell. When 
the sample is a viscoelastic liquid, the forces arising from 
displacement of the moving system to a new fixed position 
all will relax eventually, except for that due to the spring 
stiffness S m - Under such conditions equation 1 1  of refer­
ence 8  reduces to

C  = S M.R A /d 2 (1)
where di and <f2 are maximum recorder trace heights for the 
displacement and force signals, respectively, and R t is the 
variable resistance in series with the driving coil. To de­
termine C, the coil is energized with a square wave of 
frequency 0.01 c.p.s. frorr. the 202A oscillator, and the 
appropriate measurements are made. For most samples, 
relaxation is complete within the half period. For longer 
relaxation times, a constant voltage of 2 0  v. from dry cells 
can be substituted for the square wave input. (This method 
is not applicable to gelatinous samples, however, for which 
there is a non-relaxing force contribution from the sample.)
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Fig. 3.—Logarithmic plots of G ' and G " — wtjs for 2% polystyrene S-108 in Aroclor 1248, referred to 25°. Black 
circles, measurements before apparatus improvements: pip up, 10.2°; pip right, 18.1°; pip down, 25.1°. Open circles,
measurements after improvements: pip up, 10.0°; pip right, 20.0°; pip down, 30.0°.

ai = (y — ns)T0po/(v — Vb)oTp (2)
where the subscript 0 again refers to the reference 
temperature. The temperature dependence of 
V —  Vs was nearly the same as that of rjs .

Logarithmic plots of G' and G " — coijB reduced in 
this manner for solutions of 1.0, 2.0 and 4.0% 
polymer by weight are shown in Fig. 2-4. At 
each concentration, the measurements at different 
temperatures superpose extremely well to provide 
composite reduced curves. Moreover, the data 
of 2% taken before and after the improvements 
in apparatus and procedure agree very well, 
though the latter are expected to be more reliable.

Similar plots at concentrations of 0.5% (measure­
ments at 0.1 and 25.0°) and 3% (measurements at
25.0 and 40.2°), not shown, gave comparable super­
position, though the data at 0.5% were more 
scattered and it evidently was not practical to 
attempt measurements at still lower concentra­
tions.

The separation between G' and G " — coj?s at higher 
frequencies in Fig. 2-4 shows at once that the re­
sults conform to the Zimm theory rather than that 
of Rouse. In fact, the data fit the Zimm theory, 
which is represented by the solid lines in these 
figures, with remarkable precision. The theoretical 
curves are drawn by matching the right side of 
Fig. 1 to the experimental points, with suitable 
horizontal and vertical shifts. The cross in each 
of Fig. 2-4 corresponds to the origin in the di­
mensionless plot of Fig. 1; its position on the 
abscissa scale is — log n and its position on the.ordi-

(12) J. D. Ferry, "Viscoelastic Properties of Polymers," John 
Wiley and Sons, New York, N. Y., 1961, pp. 159, 204.

log roOT.
Fig. 4.—Logarithmic plots of G ' and G " — uija for 4 %  

polystyrene S-108 in Aroelor 1248, referred to 25°: pip up, 
measured at 24.8; pip right, measured at 40.0°.

Results
Each solution was studied at two or more tem­

peratures, and the results were reduced to 25.0° by 
the method of reduced variables, plotting G'T0p0/Tp 
and ((?" — cpr]a)Topo/Tp against coaT. Here
Po and p are the solution densities at the reference 
temperature T0 and the temperature of measure­
ment T. The shift factor aT was determined 
from the contribution of the polymer to the steady- 
flow viscosity, 77 — 173, which is the limiting value of 
G"/u — 77s at low frequencies12
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nate scale is log cRT/M. The values of the log 
M  and log n  thus determined are listed in Table I, 
together with some other derived quantities. 
The values of these parameters also serve to verify 
the Zimin theory, as described below.

T able  I
Parameters Obtained  from Z imm  T heory and  D e ­

rived  Calculations 
Reference temp., 25°

% log log log log log
poly- c, v — M n T1 log V — va
mer g./ml. Va obsd.fc obsd. c ealed.d vz fole

0.5 0.0072 0.31 5.44 -2 .8 9 -2 .8 7 0.37 0.52
1.0a .0144 0.64 5.46 -2 .8 3 -2 .8 2 .36 . 55
1.0 .0144 0.58 5.44 -2 .9 0 -2 .9 0 .41 .49
2.0 .0286 1.10 5.60 -2 .5 0 -2 .5 2 .53 .71
3.0 .0430 1.42 5.61 -2 .3 8 -2 .3 7 .64 .86
4.0 • .0568 1.69 5.81 -2 .0 1 -2 .0 2 .71 1.01
“ Measurements made before apparatus improvements. 

4 From position of cross on ordinate scale. c From position 
of cross on abscissa scale. d From equation 3, using M  
from column 4.

Discussion
Frequency Dependence of G ' and G" .— While 

the experimentally determined frequency de­
pendence follows the theoretical curves very 
closely over most of the range, a systematic devia­
tion does appear at higher frequencies in the 4% 
solution, where both G ' and G " increase somewhat 
less rapidly with frequency than predicted. Since 
the theory treats the polymer molecules as inde­
pendent of each other, it is natural that there 
should be some deviations at concentrations where 
overlapping of the polymer coil domains becomes 
substantial. The transition from dilute to con­
centrated solutions will require further study, 
however.

Molecular Weight from Viscoelastic Measure­
ments.—Since log M w from ultracentrifuge 
measurements at Dow Chemical Company is 
5.43, it is clear that the values derived from appli­
cation of the Zimm theory at concentrations of 1% 
and below are in excellent agreement. At higher 
concentrations, the molecular weights obtained in 
this manner become progressively too large. This 
deviation again no doubt reflects the overlapping 
of the polymer coils, though it is not clear why 
this should affect the apparent molecular weight 
in the manner observed.

Terminal Relaxation Times.—The terminal re­
laxation time of the Zimm theory can be expressed 
in terms of the polymer contribution to viscosity 
as follows,13 noting that the coefficient X'i is 4.04 

t i =  0.422()j — 7iB)M/cRT (3)
Values calculated in this manner, using the apparent 
values of M ,  also are given in Table I. For this 
calculation, rj — tjs is obtained as the limiting value

(13) Reference 12, p. 159, equation 18.

of (G" — u7]s) / oj at low frequencies. The agreement 
between observed and calculated values of n  is 
quite precise, reflecting the close fit of the experi­
mental data to the Zimm functions in each case. 
(Of course, if the true value of ili is used in this 
calculation, the observed and calculated values of 
log ti will differ by the error in the observed log M  
in column 4.)

Local Effective Viscosity.— The terminal re­
laxation time of Zimm also can be expressed5 as

T-i =  0.200 tua3Z ’h/k.T (4)

Here tjz is the effective local viscosity opposing 
motion of a chain segment, taken in the Zimm 
theory to be identical with t]s but distinguished 
here so its numerical value can be calculated sepa­
rately; a2 is the mean square molecular length per 
monomer unit, and Z the degree of polymeriza­
tion. The characteristic length a for polystyrene 
in the Aroclor is calculated from the intrinsic 
viscosity14 to be 9.3 A. (about 26% higher than in 
a 9-solvent). Values of log obtained from 
equation 4 are included in Table I. Since log t?s = 
0.34, the local effective viscosity at lower polymer 
concentrations is indeec very close to the solvent 
viscosity as inherent in the Zimm theory. At 
higher concentrations, it is somewhat higher 
(2.5-fold at 4%), but h remains far smaller than 
the solution viscosity.

Calculation of provides somewhat the same 
sort of information as comparing the contribution 
of polymer to the steady-flow viscosity, v — ??s, 
with that expected on die basis of direct propor­
tionality to the intrinsic viscosity, [y]riac. Peter- 
lin15 has defined an effective local viscosity in this 
sense as (r; — 77s)/[rj]c. Logarithms of the latter 
quantity are given in tire last column of Table I. 
The effective viscosity of Peterlin is somewhat 
larger than rjz; it increases in a similar manner, 
though somewhat faster, with increasing concen­
tration.

Applications of the Zimm theory to viscoelastic 
properties of polymers of different molecular 
weights and molecular weight distribution, as 
well as the effects of solvents of different viscosi­
ties, will be reported subsequently.
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Several studies of hindered internal rotation about the C -N  bond in amides have been made by high-resolution proton 
magnetic resonance (p.m.r.) spectroscopy. Various methods have been reported for obtaining the activation energies E. 
and frequency factors A  for internal rotation from the temperature dependence of the p.m.r. spectrum. Recent methods 
make it possible to reduce the rather large experimental errors associated with these parameters in the earlier studies. We 
therefore have made a redetermination of the energy barrier and frequency factor for internal rotation about the central 
C -N  bond of N,N-dimethylacetamide (DM A). The same experimental techniques and methods of calculation then were 
applied for the measurements of the barrier heights for internal rotation in a series of substituted N,N-dimethylamides, 
none of which had been studied previously. A detailed treatment of the errors in the present method leads to the conclusion 
that the probable error in Ea has been reduced to less than ± 0 .8  kcal./mole. The effect of structure on E . therefore may be 
discussed with some assurance that differences among different substituted amides are significant.

Introduction
The p.m.r. spectrum of DMA at v0 =  60 Me. 

and room temperature shows a single line for the 
C-methyl protons but a chemical shift doublet for 
the protons of the N-methyl groups (A, B of I). 
Gutowsky and Holm3 observed that the separation

: O CH, (A) - : 0 :
\

C— N C = N
/ \ /

h 3c CH, (B) h 3c
I II

between the lines of the doublet decreased upon 
heating the sample until at a sufficiently high 
temperature, termed the coalescence temperature, 
a single line remained. They found an energy 
barrier E& =  12 ±  2 kcal./mole and a frequency 
factor A  =  107 to 1010 sec.-1 for DMA and E& =  
7 ±  3 kcal./mole and A  =  103 to 107 sec.-1 for 
N,N-dimethylformamide (DMF) from a series 
of measurements of apparent chemical shift at a 
spectrometer frequency va =  17.735 Me. Several 
other studies have been made on formamide, 
DMF, and DM A.4'5 The earlier work and theory 
have been reviewed.6 Piette and Anderson7 have 
shown that the mean lifetime r  of exchangeable 
nuclei at chemical sites (as A or B of I) may be 
related to the changes in the resonance line widths 
which accompany the exchange averaging. Grun- 
wald, Loewenstein, and Meiboom8 and Loewen- 
stein and Meiboom9 noted that the mean lifetime 
r  of exchangeable nuclei at a chemical site may be

(1) Presented before the Division of Physical Chemistry at the 138th 
National Meeting of the American Chemical Society, New York, N. Y., 
Sept., 1960. Abstracted in part from a thesis submitted by J. C. Wood­
brey in partial fulfillment of the requirements for the Ph.D. degree, 
June, 1960. Supported by grants from the National Science Foundation 
and from the Atomic Energy Commission.

(2) Union Carbide Research Fellow, 1958-1959.
(3) H. S. Gutowsky and C. H. Holm, J. Chem. Phys., 25, 1228 (1956).
(4) B. Sunners, L. H. Piette, and W. G. Schneider, Can. J. Chem., 

38, 681 (1960).
(5) C. Franconi and G. Fraenkel, J. Am. Chem. Soc., 82, 4478 

(1960).
(6) J. A. Pople, W. G. Schneider, and H. J. Bernstein, “ High-resolu­

tion Nuclear Magnetic Resonance,”  McGraw-Hill Book Co., Inc., 
New York, N. Y., 1959.

(7) L. H. Piette and W. A. Anderson, J. Chem. Phys., 30, 899 
(1959).

(8) E. Grunwald, A. Loewenstein, and S. Meiboom, J. Chem. Phys., 
27, 630 (1957).

(9) A. Loewenstein and S. Meiboom, ibid., 27, 1067 (1957).

related to r, the ratio of maximum to central mini­
mum r-mode intensities, and to the coupling con­
stant when r is very large, for symmetrical spin- 
spin multiplets. The mean lifetime 2r of a methyl 
group at one of the chemical sites (A or B of I) is 
similarly related to r, the ratio of maximum to 
central minimum r-mode intensities, and to Sv =  
va — rB, the chemical-shift difference under con­
ditions where there is no rotational averaging. 
We have found for the compounds studied here 
that the use of these latter line-shape parameters 
leads to much more precise values of r than does 
either of the earlier methods3'7 which also were 
tried. The errors in the barrier heights, which were 
obtained from the temperature dependence of r, 
are ±  0.3 to ±  0.8 kcal./mole for the compounds 
studied if the limits of 90% confidence are computed 
statistically. The standard deviations are smaller 
but we have preferred the more severe criterion of 
error. Since comparisons of barrier heights in dif­
ferent compounds become more significant as errors 
are reduced, we have used a ratio method similar 
to that of Loewenstein and Meiboom9 for the analy­
ses of the p.m.r. spectra of a series of substituted 
N,N-dimethylamides over a range of temperature. 
The effects of substituents on the barrier heights 
and frequency factors have been discussed.

Experimental
Spectrometer.— The spectra were obtained by use of a 

Varian Associates high-resolution nuclear magnetic reso­
nance (n.m.r.) spectrometer with Model V-4311 RF probe for 
operation at vo =  60.000 Me. and Model V-4310 RF probe 
for operation at r0 =  40.000 Me. A Model V-4320 spin de­
coupler allowed fluorine-proton spin-spin interactions to be 
decoupled while observing proton spectra at r0 =  60.000 Me. 
Ambient room temperature was regulated to ± 2 ° .  All ac­
cessory components and the spectrometer console were sup­
plied from an a.c. line regulated by a Sorensen Model 1000 
S voltage regulator. Radiofrequencies were measured with 
a calibrated Collins 51J-M4 communications receiver.

A vacuum-jacketed variable-temperature receiver-coil 
insert1 was employed to provide sample temperatures from 
— 100 to 220°. The design was somewhat similar to earlier 
models.10'11 Sample temperature could be controlled to 
better than ± 0 .1 °  in the region 0 to 100° and to better than 
± 0 .5 °  through the extreme high and low regions.

Electrical shim coils constructed in this Laboratory were 
employed to provide high-resolution fluorine spectra at a 
spectrometer frequency va = 60.000 Me. Sample tubes were 
precision drawn,12 thin-wall Pyrex tubes, 0.192 ±  0.002 in.

(10) J. N . Shoolery and J. D . Roberts, Rev. Sci. Instr., 28 , 61,
(1957).

(11) C. Franconi and G . Fraenkel, ibid., 31, 657 (1960).
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T a b l e  I
C h e m ic a l  Sh if t s '1 in  t h e  N . m .r . Sp e c t r a  o f  So m e  N ,N - D is u b s t it u t e d  A m id e s  o f  t h e  T y p e  R 'C 0 N R 2

(vq =  60.000 Me.)

Amides Í, 0 C.
Proton spectra

HCON(CHa)2 25
CH3CON(CHi)t -2 7 .6
CHaCíLCONÍCII.p -2 7 .5
CCUCONiCHj), -2 6 .8
CFiCON(CHj)i 25
CHi=C H C O N (C IIi)! 4..3
C6HsCON(CH¡)2c -2 6 .6
ClCON(CHa)2 -2 4 .2
CELCtLOCONiCHap 25
CHaOCON(CFa)a 25
Fluorine spectra

CHaCON(CFi), 25
CHaOGON(CF,)i 25
CHaCON(CHa)„ 25

-N R .2 Group R ' Group
VB VA VG
-N (C H 3)2 Group

232.3d 241.7d -7 1 .4 ”
205.7 216.3 261.5
225.2 234.4 261.7(CH2)/  341. l(CHi)
132.9 150.5
217.3^ 224.7/
215.3 224.8 “ vinyl”  spectrum’*
202.9 2 1 2 . 1 -6 0 .7  (Calia)
209.8 216.3
229.5 158.2(CH¡p 332."(CIIa)‘ 

170.9

-N (C H 3)2 Group
-3 1 5 .2/  701.8*' 
-3 1 5 .6

462.7’

Magnitudes of coupling 
constants, & c.p.s.

JAC = 2Jbo = 0.56 
J AC, J BC < 0.2 
(.7ac, 7 b c ) 0.2, Jen => 7.2

2 / AO = Jno =  1.4 
J AC = J BC = O.o 
J AC = J BC — 0.0

J.\o = J BC =  O.o, J CD = 6.8 
.7AC = J bO =  0.0

J AC =  J BC =  5 . 6  
J AC = J  BC = O.o 
2-7 AC =  J  BC “  1 . 4

a Chemical shifts in c.p.s. (increasing with the applied field) for protons are relative to the ring protons of toluene as ex­
ternal reference and are relative to 1,2-dibromo-l, 1,2,2-tetrafluoroethane as external reference for fluorine. Reference tubes 
were 1-mm. Pyrex capillaries concentric to sample tubes. b All J ab =  0.0 c.p.s. ” A 36.34 mole %  amide solution in di- 
bromomethane. d Center of a resolved 1:1 doublet. * Center of a poorly resolved 1 :3 :6 :1 0 :12 :1 2 :10 :6 :3 :1  multiplet. 
1 Center of a resolved 1 :3 :3 :1  quartet. 1 Center of a resolved 1:2 :1 triplet. h Thirteen of the 15 theoretical lines of the 
ABC  “ vinyl”  spectrum were observed; the intensities of two of the three combination lines were apparently too small for 
observation. * Center of a resolved 1 :6 :15:20 :15:6 :1  septet. ’ Center of a resolved 1 :3 :6 :1 0 :12 :1 2 :10 :6 :3 :1  multiplet.

o.d., straight to within 0.003 in. over an 8 ill. length, and with 
hemispherical bottoms. Samples were thoroughly degassed 
and sealed in vacuo.

Materials.— The materials employed were purified by 
fractional distillation in vacuo or by repeated rccrystalliza- 
tion. Some were commercial products and some were 
prepared in this Laboratory. Methyl-N,N-bis-(trifluoro- 
methyl)-carbamate and perfluoro-N,N-dimethylacetamide 
were the gift of Profs. R . Dresdner and J. A. Young, Uni­
versity of Florida. Experimental and literature values 
for physical constants agreed for all the materials used ex­
cept N,N-dimethyltrichloroacetamide, for which no litera­
ture values were found. This material, prepared in this 
Laboratory, had b.p. 85.2° (5 mm.). Caled, for C4H6- 
ONCl3: C, 25.22; H, 3.18; N, 7.36; Cl, 55.85. Found: 
C, 25.43; H, 3.25; N, 7.52; Cl, 55.66.

Experimental Method.— High-resolution n.m.r. spectra 
for the amides w’ere obtained at a series of temperatures. 
A linear sweep rate of ^0.012 p.p.m ./sec. was used. In­
ternal frequency separations were measured by the audio­
sideband technique and counted with a calibrated electronic 
frequency counter (Hewlett-Packard Model 521 A). The 
chemical-shift difference &v between lines of the resolved 
-N (C H 3)2 doublet was taken as the largest measureable 
value which was the limiting maximum value at the lower 
temperatures. The ratio of the average of the intensity 
maxima of the two components of the doublet to the central 
minimum -was taken from the spectrum as recorded on a 
Varian Associates modified Model G-10 recorder. The 
average of the base lines on either side of the doublet was 
the zero of intensity. All spectra were recorded at the 
same value ot the applied RF field Hi which was always 
much below the lowest value giving noticeable RF satura­
tion and at the maximum time-constant setting of the fre­
quency response control of the spectrometer. From eight to 
twelve spectra were obtained at each temperature, half 
being recorded with increasing and half with decreasing 
linear sweep fields. The probe was moved slightly between 
each pair of observations to search for increasing field homo­
geneity. Field homogeneity was repeatedly checked by ob­
serving the beating and/or decay of "wiggles”  on rapid- 
passage for standard samples of acetaldehyde and/or penta- 
chloroethane, respectively.

Results
Chemical shifts (r-rref), in c.p.s., for the prin­

cipal lines in the n.m.r. spectra of the substances 
studied are listed in Table I. All lines were meas­
ured at a spectrometer frequency r0 = 60.000 Me. 
Proton chemical shifts are relative to the ring

(12) Wilmad Glass Co., Vineland, N. J.

Fig. 1.— The 60.000 Me. n.m.r. spectra of N,N-dimethyl- 
acetamide (D M A) and N,N-dimethyltrifluoroacetamide 
(D M TFA ); (a) proton resonance of DMA, (b) proton 
resonance of DMTFA, and (c) fluorine resonance of D M ­
TFA.

protons of toluene as an external reference and 
fluorine chemical shifts are relative to 1,2-dibromo-
1,1,2,2-tetrafluoroethane as an external reference. 
Where two values are quoted for an -NR« group, 
they represent the limiting maximum separation 
observed for the doublet at the temperature shown.

The p.m.r. spectrum of DMA is shown in Fig. la. 
The high-field line at 261.5 c.p.s. arises from the 
C-methyl protons and the doublet at 205.7 and
216.3 c.p.s. is due to the protons of the two non­
equivalent N-methyl groups. Very weak non­
equivalent spin-spin coupling of the C-methyl 
protons with the protons of each N-methyl group 
causes the effective natural line width for the high- 
field N-methyl group to be broader than that for 
the low-field N-methyl group. These spin-spin 
couplings could not be resolved. A similar, but 
much smaller, difference in line width is observed
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Fig. 2.— The p.m.r. spectrum of N,N-dimcthyltrifluoro- 
acetamide at various temperatures under conditions of 
double irradiation; ro =  60.000 Me., v\ =  56.452 Me. 
The linear sweep rate and recorder gain were not exactly 
the same for all the doublets shown.

for the two N-methyl resonances in N,N-dimethyl- 
propionamide (DMP) but was not noticeable for 
N,N-dimethylacrylamide and N,N-dimethylbenz- 
amide (DMB).

The p.m.r. spectrum of N,N-dimethyltrifluoro- 
acetamide is shown in Fig. lb and the fluorine 
resonance spectrum is shown in Fig. lc. Non­
equivalent spin-spin coupling of the protons of the 
two non-equivalent N-methyl groups with the 
fluorine nuclei of the C-trifluoromethyl group 
produces the two p.m.r. quartets. These two 
quartets are simplified to a single doublet by de­
coupling the proton-fluorine spin-spin interactions 
b}̂  irradiating the sample with a strong 56.452 
Me. fluorine-resonance RF field in addition to the 
weak 60.000 Me. proton-resonance RF field. The 
doublet resulting from the double irradiation of 
N,N-dimethyltrifluoroacetamide at various tem­
peratures is shown in Fig. 2. The similarity of the 
line widths for the components of each doublet 
is a good indication of the completeness of the 
fluorine-proton decoupling. These doublets are 
representative of those observed for many of the 
other amides studied without double irradiation.

The mean lifetime of protons at sites A and B 
(as in I), rA and rb, respectively, must be equal 
and the quantity r = [ t a t b / t a  + r B] may be 
related to the ratio r of maximum to central mini­
mum y-mode intensities for the -N(CH3)2 doublet 
by the equation

rbv — zb  — ■ \/r dz (r2 — r)'A
tf\/2

for 7T* \/2tÔv >  1 (1)

where Sv is the chemical-shift difference between 
the two N-methyl resonances A and B in the ab­
sence of rotational averaging. Equation 1 implies 
that the effect of overlap of the components of the

doublet is negligible [ 1 / t 2a  <<§r>>l/Ia, where 
2 / T 2A and 2/T2b are the line widths at one-half 
maximum intensity of the components A and B, 
respectively, in radians per second (r.p.s.), and in 
the absence of rotational averaging]. It also as­
sumes that the fraction of protons is the same at 
each site (PA =  P B, rA = rB = 2r), that RF 
saturation is negligible, and that “slow-passage” 
conditions are maintained. Equation 1 is easily 
derived from equation A1 in the Appendix by im­
posing the first and second restrictions just men­
tioned and by defining r = (rmax./rmin.) = 
[c(2Aco = §we)/y(Aoj = 0)], where 5o)e is given by 
equation 6 of ref. 3. Negligible RF saturation 
and “slow-passage” conditions already are implied 
by equation Al. The assumption that the overlap 
effect is negligible is not valid for all the amides 
studied. The method used for correcting for the 
effect of overlap for these amides is discussed in the 
Appendix.

The experimental activation energy E„, here 
identified with the barrier height restricting internal 
rotation about the central C-N bond of the amide, 
is obtained from the measurements of the rate of 
internal rotation (l/2r) at a series of temperatures 
by fitting the data to the Arrhenius equation 

log ( l /2 r )  -  log A -  EJ2.S026RT (2)

Values of E a and the frequency factor A  wTere de­
rived from linear plots of log (i/2r) vs. 103/2.3026- 
R T  by the method of least squares. To illustrate 
the precision of the present measurements the 
Arrhenius plots for the compounds studied are 
shown in Fig. 3.

The activation energies and frequency factors 
obtained from these plots are shown in Table II 
along with the free energies of activation AF *  
based on the absolute reaction rate theory. Coal­
escence temperatures T c also are given. The free 
energies of activation are computed from the 
relationship

AFt * = 2.3026IiT  log (3)

where r is taken from the Arrhenius plot as the 
least-squared value at the temperature T. Trans­
mission coefficients k are assumed to be unity. 
Each coalescence temperature is taken from the 
least-squared Arrhenius plot as the lowest tempera­
ture for which r is unity.

The precision obtained by use of this method is 
satisfactory for most of the substituted N,N-di- 
methylamides studied because values of Sv were 
large enough that, overlap of the doublet com­
ponents could be neglected {i.e., 1 / T 2A «  5v »  
I/Tsb), the ratio r could be measured quite pre­
cisely, and the changes in r are more pronounced 
than changes in line widths or changes in apparent 
chemical-shift differences. The chief disadvantage 
was the limited temperature range (about 25°) 
which could be used. The data of Table III, from 
which the Arrhenius plot for N,N-dimethyltri- 
fluoroacetamide in Fig. 3 was drawn, illustrate 
the magnitude of the average deviations in r and 
in log (l/2r) in a typical case. The limits of E a 
and log A  were computed for each compound for 
90% confidence using conventional statistical
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T a b l e  I I

V a l u e s  o f  E %,  l o g  A, AF*2m.2 a n d  Te f o b  H in d e r e d  

I n t e r n a l  R o t a t i o n  a b o u t  t h e  C e n t r a l  C-N  B o n d  

o f  S o m e  S u b s t i t u t e d  N , N - D i m e t h y l a m i d e s  a s  

D e t e r m i n e d  b y  P r o t o n  M a g n e t i c  R e s o n a n c e  

S p e c t r o s c o p y “ ’6 ( j/0 = 60.000 M e . )

AF*298-2,
Amide

Ea,,
kcal./mole log A

kcal./
mole

Tc.
° K .

N,N-DimethyIformamide 1 8 .3  ±  0 .7 1 0 .8  dz 0 .4 2 1 .0 4 2 1 .6
N,N-Dimethylacetamide 1 0 .6  zb .4 7 .8  zb .2 1 7 .4 3 6 0 .3
N,N-Dimethylpropionamide 9 .2  dz .7 7 .3  zb .5 1 6 .7 3 3 4 .4
N,N-Dimethyltrifluoroacet- 9 .3  =b .6 6 .8  zb .4 1 7 .6 3 6 7 .9

amide
N,N-DimethyltrichIoroacet- 9 .9  zb Q 9 .1  zb .2 1 4 .9 2 87 .1

amide
N,N-Dimethylacrylamide 6 .8  db .7 6 .0  zb .5 16.1
N,N-Dimethylbenzamidec 7 .7  d= .5 7 .2  dz .4 1 5 .3 2 8 4 .9
N,N-Dimethylcarbamyl 7 .3  dr .5 6 .1  zb .3 1 6 .5 3 2 6 .0

chloride
“ These results are all derived from equations 1, 2, and 3 

without corrections for the effect of overlap of the compo­
nents of the chemical-shift doublets. 5 The values and errors
given include the limits of 90% confidence. c A 36.3q mole 
%  amide solution in CH2Br2.

Fig. 3.— Arrhenius plots for the process of internal rotation 
about the central C -N  bond of amides of the type RCON- 
(CH3)2. Each curve is designated with the appropriate 
functional group R. “ A 36«34 mole %  amide solution in 
CH2Br2.

methods. For N,N-dimethyltrifluoroacetamide 
these limits (Table II) are 9.3 ±  0.6 kcal./mole in 
E& and 6.8 ±  0.4 in log A.

T a b l e  III
T e m p e r a t u r e  D e p e n d e n c e  o f  t h e  R a t e  o f  I n t e r n a l  

R o t a t io n  A b o u t  t h e  C e n t r a l  C -N  B o n d  

o f  N , N - D i m e t h y l t r i f l u o r o a c e t a m i d e °

vo =  60.000 Me., Sv =  7.48 ±  0.30 c.p.s. at 21.4°

t, °C .
1 0 V 2 .3 0 2 6 F 7 ’,

mole/kcal. r lo g  (1/27-) h
8 9 .8 7  dz 0 .11 0 .6 0 2 0  zb 0 .0002 1 .0 6 6  dz 0 .0 0 8 1 .1 5 8 4  zb 0 .0040
8 6 .4 8  zb ,.06 . 6077 dz ..0001 1.221  dz .014 1 .1 0 0 2  dz .0041
8 2 .5 4  zb ..07 .6 1 4 4  zb ..0001 1 .5 2 7  dz . 023 1 .0 2 8 3  dz .0044
7 9 .6 2  zb ..07 .6195  zb .,0001 1 .8 4 3  zb .011 0 .9 7 5 6  dz .0016
7 6 .4 7  zb ..04 .6251 zb .,0001 2 .3 2 4  dz .012 0 .9 1 5 3  zb .0013
7 5 .4 0  dz .04 . 6270 zb ..0001 2 .4 2 6  dz .031 0 .9 0 4 5  dz .. 0042
7 0 .2 1  db .15 . 6365 zb ..0003 3 .5 1 3  zb .069 0 .8 1 4 6  dz .0004
6 2 .0 7  zb .11 .6 5 1 9  zb ..0002 5 .8 2 2  dz .185 0 .6 9 7 5  dz .0701

a The errors given are the average deviations from the 
average of five or more measurements. b These values were 
calculated from equation 1.

The slope b = — Ea and the intercept a = log A 
of the linear plot of y =  log (1/2t ) vs. x  =  103/  
2.3026 RT  were found by the method of least 
squares. The limits of 90% confidence in E& are 
given by13

-6  ±  tu j  \x; -  x|2y A (4)

where x is the average of the n values of x2 and

t depends on the number of degrees of freedom (n — 
2) and the confidence limits and converts the stand­
ard error to the confidence limits desired. The 
limits of 90% confidence in log A were computed 
from

a ±  -  *|.J* (6)

Attempts to measure E& by other methods did 
not yield satisfactory results for the compounds 
studied here. The method of Piette and Ander-

( 1 3 )  J .  F .  K e n n e y  a n d  E .  S .  K e e p i n g ,  “ M a t h e m a t i c s  o f  S t a t i s t i c s , ”  

p a r t  t w o ,  2 n d  e d . ,  D .  V a n  N o s t r a n d  C o . ,  I n c . ,  N e w  Y o r k ,  N .  Y . ,  1 9 5 1 ,  

p p .  2 0 7 - 2 1 1 , 4 1 6 - 4 1 7 .

son7 did not yield a reliable value for Ea in DMP 
since the range of line widths that could be used 
was small (0.3 to 3.0 c.p.s.) and the errors in 
measurement of the widths large ( ±  0.3 c.p.s.). 
The method of Gutowsky and Holm3 was applied 
to DMF but the limits of 90% confidence in E& 
were 14.3 ±  3 kcal./mole. In the region of slow 
rotational rates 5p0bsd can be obtained precisely 
but it is very insensitive to t. Near coalescence, 
5r0bsd becomes quite senative to r but the former 
cannot be measured precisely because of the line 
broadening which accc mpanies the averaging 
process.

Neglecting the effect of overlap of the com­
ponents of the N-methj.1 doublet we find =
10.6 ±  0.4 kcal./mole and log A =  7.8 ±  0.2 in 
DMA (Table II). When the overlap corrections 
are made, as discussed in the Appendix, the values 
E& =  11.6 ±  0.8 kcal./nmle and log A =  8.4 ±  0.6 
are obtained. For DMF, each component of the 
N-methyl chemical-shift doublet consists of a re­
solvable spin-spin doublet (Table I). Neglecting 
the effect of overlap of these components we find 
Ea — 18.3 ±  0.7 kcal./mole and log A =  10.8 ±  
0.4 in DMF. The appropriate corrections5 for 
the effect of overlap would increase the uncor­
rected values we find for Ua and A in DMF. 
Overlap corrections for all the other amides studied 
are estimated to be smaller than the normal ex­
perimental errors given in Table II.

Discussion
The energy barrier hindering internal rotation 

about the central C-N bond of DMA is 11.6 ±  
0.8 kcal./mole, in agreement with the value 12 ±  
2 kcal./mole reported earlier by Gutowsky and 
Holm.3 Without making the appropriate cor­
rections5 for the spin-spin splitting and the overlap 
of the chemical-shift doublet we find E* = 18.3 ±  
0.7 kcal./mole for the barrier hindering rotation in 
DMF. This value is at variance with two values, 
7 ±  3 kcal./mole3 and 3.6 ±  1.5 kcal./mole5 re­
ported earlier. We cannot offer an explanation for 
these large discrepancies. Our data for DMF,
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Fig. 4.— P lo ts of r av. v s . log ( 'A t ) fo r P a  =  P b  =  ‘ A, 
S a  =  66.288 r.p.s., and (a) l / T A  =  2.20 r.p.s., l / T iB  =  
1.90 r.p.s., (b )  1/ jA a =  4.30 r.p.s., 1 /2 72b =  3.80 r.p.s., 
(c) 1 / T 2a  =  6.46 r.p.s., l / T 1B =  5.70 r.p.s.

with the appropriate corrections for the spin-spin 
couplings and the effect of overlap of the chemical- 
shift doublet, would give a value for E& greater 
than 18.3 kcal./mole. These corrections are esti­
mated to be of the order of + 1  to + 2  kcal./mole. 
Our uncorrected value is in agreement with an 
earlier value of about 18 kcal./mole14 for the 
barrier height in DMF. These high barriers 
are the same as the value 18 ±  3 kcal./mole re­
ported4 for the barrier height restricting internal 
rotation about the C-N bond in formamide.

The values of i?a for DMP (9.2 ±  0.3 kcal./mole),
N, N-dimethyltrichloroacetamide (9.9 ±  0.3 keal./ 
mole) and N,N-dimethyltrifluoroacetamide (9.3 ±
O. 6 kcal./mole) are smaller than for DMA but the 
differences are not very large compared to the 
errors involved. Since the -C F 3, -CC13, -C 2H6, and 
-C H 3 groups differ greatly in ability to withdraw 
electrons, in ability to participate in hyperconjuga­
tion, and in size it does not appear that these fac­
tors influence the barrier heights very strongly.

The barrier height is significantly smaller in N,N- 
dimethylacrylamide, EA =  6.8 ±  0.7 kcal./mole, 
and in N,N-dimethylcarbamyl chloride (DMCC),
E.a =  7.3 ±  0.3 kcal./mole. In these compounds 
cross-conjugation as represented by structure III 
(for example) may tend to reduce the double bond 
character of the central C-N  by competing with 
the resonance form to which the major portion of 
the energy barrier is attributed (structures anal­
ogous to II). The lower barrier in DMB (7.7

C— N
\

+C1 c h 3 

III
±  0.5 kcal./mole) could similarly result from cross­
conjugation. The latter value was measured in a
36.3 mole %  solution of DMB in dibromomethane 
so it is not directly comparable with the other

(14) Technical Information Bulletin from the Radio-frequency
Spectroscopy Laboratory of Varian Associates, Instruments Division,
Vol. 2 of Series A, No. 28, Palo Alto, California, 1957.

values. However, it should be comparable with 
the value for DMP in a 36.3 mole %  solution in 
dibromomethane and with the value for DMCC in 
a 36.3 mole %  solution in dibromomethane, which 
are estimated to be 9.7 ±  0.7 and 8.5 ±  0.6 kcal./ 
mole, respectively. 15’1S

A number of N,N-disubstituted amides failed to 
show the expected doublet for the -N R 2 resonance, 
even at the lowest temperatures at which we were 
able to make observations. Thus ethyl N,N-di- 
methylcarbamate, R = CH3 and R ' =  C2H5 ill 
VI, and methyl N,N-bis-(trifluoromethyl)-carba- 
mate, R = CF3 and R ' =  CH3 in VI, show a single 
sharp resonance line for the -N R 2 group down to 
their respective freezing points. The spectrum of 
perfluoro-N,N~dimethylacetamide (VII) consists of 
a single 1 :3:3:1 spin-spin quartet for the N(CF3)2 
group at temperatures down to the freezing point. 
One cannot say whether in these cases the chemical- 
shift differences between the -N R 2 groups are zero 
or whether the exchange rates (l/2 r ) between the

O: R :0 : c f 3
\  /

C— N C— N
\ /  \

•o+ R FsO c f 3
VI VII

sites remain rapid down to the freezing points. 
For the carbamates cross-conjugation involving 
important structures such as VI would tend to make 
the two C -0  bonds more similar. Since the 
chemical-shift difference i>A — vb depends17 exten­
sively on the magnetic anisotropies of these bonds, 
it seems likely that the similarity of the two C -0  
bonds results in a small chemical-shift difference. 
To the extent that structures such as VI contribute 
to the ground state the barrier restricting internal 
rotation about the central C-N  bond would, of 
course, be correspondingly lower. Both effects 
may operate simultaneously.

The failure to detect a chemical-shift difference 
between the N-trifluoromethyl groups in VII is 
quite unexpected since the barrier height might 
be expected to be about the same as that for N,N- 
dimethyltrifluoroacetamide (9.3±  0.6 kcal./mole). 
Possibly the chemical-shift difference between the 
N-trifluoromethyl groups of perfluoro-N,N-di- 
methylacetamide is very small even under condi­
tions of no rotational averaging about the central 
C-N  bond. The strongly electron-withdrawing 
trifluoromethyl groups bonded directly to nitrogen 
may, however, suppress the double-bond character 
of the central C-N  bond. This latter effect would 
suppress the energy barrier and, to the extent it is 
important in VII, it also would be operative in 
methyl-N, N-bis- (trifluoromethyl) -carbamate.

(15) J. C. Woodbrey and M. T. Rogers, J. Am. Chem. Soc.t 84, 13
(1962).

(16) It has been pointed out by a referee that the differences among 
barrier heights in the different pure materials may be, at least in part, 
solvent effects, since each is measured in a different solvent— namely 
itself. One might expect that these disubstituted amides would be 
rather similar as solvents so that at least the large differences among 
the barriers should be significant. However, until measurements of a 
variety of these compounds are made in a single solvent this point will 
not be settled.

(17) P. T. Narasimhan and M. T. Rogers, J. Phys. Chem., 63, 1388 
(1959).
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_ The experimental frequency factors A  (Table II) 
obtained from the Arrhenius equation vary between 
106 and 1010 sec.-1. These are much lower than 
k'T/h and suggest that the transmission coefficients 
k of the Eyring rate expression are low for these 
internal rotations if Laidler’s suggestion18 that 
internal rotations have low entropies of activation 
is true. As a consequence of the low frequency 
factors the free energies of activation, as calculated 
from equation 3 with k =  1, are much larger than 
the energy values Ea determined from the Ar­
rhenius equation.

It should be noted that in DMF the N-methyl 
protons resonating at higher field are coupled 
stronger to the aldehydic proton than are the N- 
methyl protons resonating at lower field; see 
Fig. 1 and Table I. A similar but much less pro­
nounced effect is observed in DMA and DMP. 
These latter interactions are rare examples of H-H 
coupling through five bonds. In these amides the 
trans coupling presumably exceeds the cis coupling 
as in the case of ethylenic-tj^pe fragments.19 Here 
the interpretation requires that the N-methyl 
protons cis to oxygen resonate at higher field than 
those trans to oxygen, a reasonable assumption 
in view of the high magnetic anisotropy of the C = 0  
bond17 and the high electron density surrounding 
the oxygen atom. In contrast, in N,N-dimethyl- 
trifluoroacetamide the protons resonating at higher 
field are coupled more weakly to the fluorine nuclei 
than are the protons resonating at lower field. 
Providing the protons cis to oxygen in this amide 
resonate at the higher field, so that \Jcu h - f | = 
2 \ J trans h - f | ,  then the cis H -F  coupling observed 
here must involve a mechanism strikingly different 
from that for H-H coupling. The above interpre­
tation of the cis-trans relationships suggests that 
a through-space electron-coupling mechanism, 
rather than a through-bond mechanism, may 
dominate for H -F  coupling in cases where the pro­
ton and fluorine nuclei are very proximate but not 
directly bonded to each other. It has been sug­
gested20 that such a through-space mechanism may 
be responsible for a rare H -F  coupling of nuclei 
separated by five bonds. The interactions in N,N- 
dimethyltrifluoroacetamide are other rare examples 
of H -F  coupling of nuclei separated by five bonds. 
In particular, the trans coupling in this amide, prob­
ably with \Jhf| =  0.7 c.p.s., is a very rare case 
of H -F coupling through five bonds; it is unlikely 
that this trans coupling could involve any through- 
space mechanism.

Appendix
To correct for the effect of overlap of the -N - 

(CH3)2 chemical-shift doublet the lines arising from 
the spin-spin couplings of the N-methyl protons 
with other nuclei are not treated individually. 
Rather, only the effect of such interactions on the 
apparent natural line width of each N-methyl 
resonance is considered. This restriction leads to 
no serious limitations in ihe amides studied, except

( 1 8 )  K .  J .  L a i d l e r ,  “ C h e m i c a l  K i n e t i c s , ”  M c G r a w - H i l l  B o o k  C o . ,  

I n c . ,  N e w  Y o r k ,  N . Y . ,  1 9 5 0 ,  p p .  1 0 5 - 1 0 8 ,  3 8 2 - 3 8 7 .

( 1 9 )  M .  K a r p l u s ,  J. Chem. Phya., 3 0 ,  1 1  ( 1 9 5 9 ) .

( 2 0 )  D .  R .  D a v i s ,  R .  P .  L u t z ,  a n d  J .  D .  R o b e r t s ,  J. Am. Chem. Soc., 
83, 2 4 6  ( 1 9 6 0 ) .

in DMF6 where the formyl-methyl proton-proton 
couplings can be resolved; see Table I.

The non-equivalent couplings of the protons of 
each N-methyl group of DMA with the C-methyl 
protons are the cause cf the different apparent 
natural line widths for the two N-methjd reso­
nances. Each N-methyl proton resonance line 
actually consists of an envelope resulting from an 
unresolved 1 :3:3:1 spin-spin quartet. Because 
the widths of these envelopes are different, the 
resulting -N (CH 3)2 doublet has considerable asym­
metry. The numerical solutions21 for the exchange 
averaging of a symmetrical spin-spin doublet 
therefore are not valid for the -N (CH 3)2 doublet 
of DMA. To account for the asymmetry we have 
solved the appropriate equations numerically.

Following Gutowskv and Holm,s for the more 
general case of a completely asymmetrical doublet, 
their equation 3 may be rewritten as

V
- WlM „ j p [ l  +  r ( J £  +  ? £ ) ]  +

P 2 +  Ä 2
(A 1)

where

P  =  

Q =

t[ p A D b ~  A“ 2 +  C 2 ) 2]

r[Aco -  I  (Pa -  P b)]

A“ [ 1 + T( i  + è ) ] +

4- ^5. -I- T a 
+  +  Tt A

S -  tAm 2

5co (  1
T2KT7b

+  - “ ( F a  -  P b )

Similarly, for the more general case, their equation 
5 becomes
272AAw6 +  3t-2Paw* +  4r2C’Au3 +  { B D  -  A E ) Ao>2 +

2(C D  -  AF)Ao> +  ( C E  -  B F )  = 0 (A  2)
where

T* ( —  +  PjL \ r 2 a +  rr )• B =  t25w
/ P b _  P a \ 
\Tm 2 W ’

- T( | ) 2[ 1 - ( F a - P b)2 +  ^ ]  +

1\kTv r
G  2 b L

1 +  P a 2 +  P b 2 +  r ( W 5)]
t P a P b  ( y 2A2 +  y 2B, )

A
T2

D =  \1 + r ( à  + è ) J - 2rS

The effect of overlap on tne apparent separation 5«„ 
of the two A and B resonance lines in the absence of 
exchange is obtained by letting Aco -*■ Ao>ro as r 
—» cn in equation A2. The resulting equation, 
fifth order in 5a>, may be used to correct for the 
effect of overlap on the apparent separation of 
any two Lorentzian line shapes.

( 2 1 )  “ T a b l e s  o f  E x c h a n g e  B r o a d e n e d  M u l t i p l e t s , ”  T e c h n i c a l  N o t e  

N o .  2 ,  C o n t r a c t  A F  6 1  ( 0 5 2 ) - 0 3 ,  T h e  W e i z m a n n  I n s t i t u t e  o f  S c i e n c e ,  

R e h o v o t ,  I s r a e l ,  1 9 5 8 .
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Equations A1 and A2 were programmed to a 
Bendix G-15 digital computer. This program 
allows one to calculate from equation A2 the set 
of positions of the maxima and of the central 
minimum in the shape function v corresponding to 
a set of values for the rate of internal rotation (1/2 
r). Then, in the same program, the set of intensi­
ties of rmax. and vm\n. corresponding to the same set 
(1/2 t )  are computed from equation A l. These 
programs22 allow one to obtain by direct computa­
tions the apparent line separations and the relative 
values of the maxima and central minimum inten­
sities for any Lorentzian doublet as a function of the 
rate of averaging between the two sites. In addi­
tion, the programs may be used for the direct com­
putation of the line position and of relative intensi­
ties fmax. for the coalesced doublet23 as a function of 
the rate of averaging.

For each amide studied the fraction of protons 
J\\ and P b at each site A and B, respectively, must 
always be the same; i.e., PA = P b =  W  The 
apparent natural line widths, I / tt̂ a and l/fl-7®

(22) Copies of the programs may be obtained from J. C. W.
(23) M . Takeda and E. 0. Stejskal, J. Am. Chem. Soc., 81, 62 (1959).

in c.p.s. were the limiting minimum values meas­
ured directly from the p.m.r. spectra at the lower 
temperatures. The effect of overlap on the ap­
parent separation of the two -N (C H 3)2 resonance 
lines was negligible in the absence of internal ro­
tation for each amide studied; i.e., bco — bu .̂

When obtaining the rates of internal rotation 
from the ratios of intensities (except for DMF) 
the only one of the amides studied for which the 
apparent natural line widths could not be neglected 
was DMA. Changes in the apparent natural line 
widths for DMA due to changes in the applied 
field homogeneity were determined from the width 
of the C-methyl resonance line at each tempera­
ture. The ratio of the average of the maxima to 
central minimum intensities rav. was computed 
from equations A l and A2 for the appropriate 
values of I / T / a  and I / T 2B  and for different values 
of t . Typical plots of rPV. vs. log (l/2 r ) for repre­
sentative values of l / r 2A and l /P ®  are shown in 
Fig. 4. From such plots, the value of log (l/2 r ) 
for DMA was obtained from the observed values 
of the natural line widths and of rav. at each tem­
perature.
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Introduction
H-Bonding equilibrium in the system pyrrole- 

pyridine has been investigated by several workers. 
Vinogradov and Linnell2 reported a 1:1 H-bondcd 
complex with pyrrole-pyridine in CC14 and K  =  
2.56 1. m ole"1 (from infrared)3 at room tempera­
ture; the heat of formation was determined calori- 
metically using pure pyrrole and pyridine (no CC'U 
solvent) to be 3.8 kcal./mole. Fuson and co-workers 
have reported a number of investigations on pyrrole : 
an infrared study of solvent effects on the N -H  of 
pyrrole,4 and later work5 which yielded K  =  2.7 ±  
0.3 1. m ole"1 for the pyrrole-pyridine equilibrium 
at room temperature in CC14. Halleux6 has used 
infrared to study H-bonding equilibria between 
various pyridines or anilines and phenol in CCL. 
None of these workers has made a thermodynamic 
study. When the present work was almost finished, 
Happe’s7 double resonance nuclear magnetic res-

(1) Scott Research Laboratories, Inc., Perkasie, Pa.
(2) S. N. Vinogradov and R. H. Linnell, J. Chem. Phys., 23, 93 

(1955).
(3) Recalculated from ref. 2. Original value in mole fraction units.
(4) M . L. Josion and N. Fuson, J. Chem. Phys., 22, 1169 (1954).
(5) N .  Fuson, P. Pineali, and M .  L. Josien, J. chim. phys., 55, 454 

(1958).
(6) A. Halleux, Bull. soc. chim. Beiges, 68, 381 (1959).
(7) J. A. Happe, J. Phys. Chem., 65, 72 (1961).

onancc study of pvrrole-pyridine association was 
published, including thermodynamic work.

We were interested in studying the pyrrole- 
pyridine association with several pyridines and at 
several temperatures so as to obtain thermodyna­
mic data useful in understanding basicity and 
steric and solvent clustering effects in acid-base 
equilibrium.

Experimental
All infrared measurements were made on a Pcrkin-Elmer 

Model 112 instrument equipped with a LiF prism. The 
entire light path was continuously swept with dry air. The 
source and sample compartment was equipped with a ther­
mostat air-bath consisting of electric heaters, refrigerator 
coils, air circulating fan, and a thermoregulator-relay, main­
taining temperatures to ± 0 .2 ° . A 5-mm. NaCl cavity cell 
was used for all measurements. Three thermocouples were 
inserted into holes bored in the cavity cell and temperatures 
were read on a L. and N . type K-2 potentiometer. A special 
clamp arrangement held the Teflon plug in the cavity cell 
and prevented solvent evaporation. Spectra were run after 
all three thermocouples came to within 0.5° of the same 
temperature; this thermal equilibrium required from 30-45 
min. for each sample. Spectral slit widths of 5-8 cm ."1 
■were used.

Eastman sidfur-frec CC14, dried over silica gel, was used 
as a solvent. The pyridines, obtained from Reilly Tar and 
Chemical Company, were dried over NaOH pellets and puri­
fied by distillation in an all-Pyrex Todd column at high re­
flux ratio, then stored over NaOH pellets under pre-purified
N. in the dark. The boiling points of the cuts were found 
to be: pyridine, 115°; 2-methvlpyridine, 128°; 2,6-di- 
methylpyridine, 142°. Pyrrole was given to us by E. I. du 
Pont de Nemours & Company and was purified by distilla­
tion under prepurified N. at atmospheric pressure in the 
Todd column at high reflux. The pyrrole sample had a b.p. 
of 128°, and was stored under Ns at —10°. Pyrrole- 
CCI, solutions in contact with air, at room temperature,
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T a b l e  I
P y r r o l e - P y r i d i n e s  H - B o n d i n g  E q u i l i b r i a 0,6

Cx", M Cy" C * C y Cxy K , l./mole
A. Pyrrole-Pyridine

47°
0.00667 0.0835 0.00600 0.0828 0.00067 1.38

.00667 .125 .00566 .124 .00101 1.47

.00667 .167 .00547 .166 .00120 1.35

.00667 .209 .00512 .207 .00155 1.49

Av. = 1.42

Oo

0.00675 0.0787 0.00583 0.0778 0.00092 2.05
.00675 .0984 .00552 .0972 .00123 2.35
.00675 .148 .00506 .146 .00169 2.35
.00675 .197 .00485 .195 .00190 2.06
.00675 .246 .00440 .244 .00235 2.25

Av. = 2.21

OCOCO

0.00645 0.0426 0.00593 0.0420 0.00057 2.32
.00645 .0532 .00575 .0525 .00075 2.51
.00645 .0798 .00555 .0789 .00095 2.20
.00645 .133 .00505 .132 .00145 2.18

Av. - 2.30
.00678 .0813 .00565 .0802 .00113 2.53
.00678 .102 .00546 .101 .00132 2.43
.00678 . 153 .00498 . 151 .00180 2.42
.00678 .203 .00467 .201 .00211 2.28
.00678 .254 .00424 .251 .00254 2.42

Av. = 2.42
20°

0.00672 0.0813 0.00554 0.08012 0.00118 2.67
.00672 .102 .00527 .101 .00145 2.74
.00672 .153 .00477 .151 .00195 2.72
.00672 .203 .00435 201 .00237 2.72
.00672 .254 .00401 .251 .00271 2.69

Av. = 2.71
12°

0.00677 0.0632 0.00565 0.0621 0.00112 3.16
.00677 .0790 .00536 .0776 .00141 3.35
.00677 .119 .00493 .117 .00184 3.21
.00677 .158 .00457 . 156 .00220 3.05
.00677 .197 .00424 .194 .00253 3.03

Av. - 3.16
B. Pyrrole-2- Methjdpyridine

47°
0.00642 0.0628 0.00582 0.0622 0.00066 1.71

.00642 .126 .00522 .124 .00120 1.96

.00642 .189 .00503 .187 .00139 1,52

.00642 .226 .00474 .224 .00168 1.63

.00642 .251 .00459 .249 .00183 1.65

Av. 1.69

Oo<N

0.00609 0.0634 0.00499 0.0622 0.00110 3.55
.00609 .127 .00441 .125 .00168 3.03
.00609 . 190 .00383 .180 .00226 3.17
.00609 .228 .00365 .226 .00244 2.97
.00609 .254 .00348 .251 .00261 2.99

Av. (not :including 1st value) = 3.04

Notes

12°

5

0.00609 0.0634 0.00481 0.0621 0.00128 4.24
.00609 .127 .00424 .125 .00185 3.46
.00609 .190 .00370 .188 .00239 3.40
.00609 .228 .00342 .226 .00267 3.44
.00609 .254 .00330 .251 .00279 3.34

Av. (not including 1st value) = 3.41

C. Pyrrole-2,6-Dime thy lpyridine
47°

0.00616 0.0554 0.00560 0 0548 0.00056 1.87
.00616 .111 .00510 110 .00106 1.95
.00616 .166 .00450 115 .00166 2.30
.00616 .222 .00416 220 .00200 2.25
.00616 .277 .00385 265 .00231 2.33

Av. = 2.14
18°

0.00616 0.0554 0.00520 0 0544 0.00096 3.39
.00616 .111 .00427 109 .00189 4.06
.00616 .166 .00372 164 .00244 4.00
.00616 .222 .00345 219 .00271 3.59
.00616 .277 .00310 274 .00306 3.60

Av. = 3.73
11°

0.00616 0.0554 0.00500 0.0542 0.00116 4.23
.00616 .111 .00430 .109 .00186 3.93
.00616 .166 .00375 .164 .00241 4.89
.00616 .222 .00325 .219 .00291 4.05
.00616 .277 .00292 .274 .00324 4.01

Av. = 4.02
° Each K  represents an average of three separate experi­

mental determinations on the same solution. b All con­
centrations are expressed as M  at 20°. For each tempera­
ture other than 20° a concentration correction was made by a 
ratio of densities of the CCh, using density data from the 
International Critical Tables, Vol. I l l ,  p. 28.

slowly deposit a dark brown polymer. In this work, all 
measurements were made on fresh solutions that showed no 
visible decomposition.

Since pyrrole associates with itself, solutions sufficiently 
dilute to avoid this association were used. Experimentally 
we found no evidence of association below 0.01 M . The 
recently published equilibrium constant for pyrrole di­
merization,7 4.3 mole fraction_1, indicates that about 1%  of 
the pyrrole is dimerized in a; 0.01 M  solution. As shown in 
Fig. 1 of the paper by Fuson, Pineau, and Josien5 a small 
shoulder on the long wave length side of the “ free”  N -H  is 
observed. We measured “he absorbancy at 3498 ±  3 
cm .“ 1 (Fuson, et ah, use 3495 cm .“ 1) as a measure of free 
pyrrole. The shoulder is fount at 3480 cm .“ 1. Integrated 
absorbancy measurements were made on the 3498-3480 
cm .“ 1 bands with pyrrole-CCb solutions from 5 X 10“ 4 to 
4 X 10“ 3 M  (NaCl cells 50-12 and 5 mm.) but attempts 
made to fit the data to a monc mer-dimer equilibrium were 
unsuccessful. We do not believe the 3480 cm .“ 1 shoulder is 
due to pyrrole association. The explanation for this 
shoulder remains unclear.

A series of pyrrole-CCfi solutions from 2-8 X 10“ 3 mole 
l . “ 1 were made and the peak absorbancy at 3498 cm .“ 1 
measured at each temperature used in this study. Good 
straight lines resulted in plotting absorbancy vs. concentra­
tion for each temperature. Even after temperature-volume 
corrections the absorbancy decreases as the temperature in­
creases. Figure 1 shows this effect. These curves then were 
used to determine the concentration of free pyrrole in the 
pyrrole-pyridine mixtures.

Results and Discussion
The equilibrium constants for pyrrole-pyridine



548 Notes Vol. 66

association were computed from the equation 
x +  y 5 = ^  xy X  = 

x =  pyrrole
y  =  pyridine or substituted pyridine 
xy =  pyrrole-pyridine complex 
C1*0 =  initial pyrrole concentration 
Cy° =  initial pyridine concentration 
Ci =  equilibrium pyrrole concentration 
Cy =  equilibrium pyridine concentration 
Cxy =  equilibrium complex concentration
All of the data are given in Table I. Because of 

experimental limitations, a large number of deter­
minations were made to minimize errors.

Table II gives the thermodynamic data com­
puted by least squares from log K  vs. l/T  plots of 
the data in Table I. Our solutions arc sufficiently 
dilute to assume ideal behavior.

T a b l e  I I “

T h e r m o d y n a m i c  V a l u e s  f o r  P y r r o l e - P y r i d i n e s  

A l l  V a l u e s  i n  K c a l . p e r  M o l e

A//298® A -F2980 A(S298®
-3.2 ( —5.70) —0.54 ( —7.12) -  8.9 ( +  4.76)

-3 .8 C -6 .9 5 )  -  .58 ( — 8.13) - 1 0 .8 (  +  3.95)

Pyri dines 
Pyridine 
2-Methylpyri- 

dine
2,6-Dimethyl-

pyridine - 3 .4  ( -6 .1 5 ) -  .68 ( -9 .1 7 ) -  9.2 (+10.11)
“ Values in parentheses are for aqueous solutions, B +  

HsO+ BH+ +- H.O, by Mortimer and Laidler.8
It is interesting to compare our values with other 

literature data. Happe7 gives AH0 =  —4.3
kcal./mole and AS° =  —8.0 for pyrrole-pyridine 
in cyclohexane solvent. We would not expect such 
a large difference from our values due simply to

(8) C. T. Mortimer and K. J. Laidler, Trans. Faraday Soc. ,  5 5 , 1731
(1959).

solvent effect with our CC14. Comparing with the 
data of Mortimer and Laidler,8 which also are given 
in Table II, we see that the AH° values follow the 
same trend. Adding a methyl group increases the 
basicity of the pyridine and makes AH0, AF°, and 
AS0 all more negative. In our study, with CCU 
solvent, it is difficult to imagine any solvent cluster­
ing effects and we therefore interpret the less 
negative AH0 and AS0 of 2,6-dimcthylpyridine as 
due entirely to a steric effect which overshadows the 
inductive effect of the added methyl group. This 
interpretation supports the ideas of Mortimer and 
Laidler.8 In their aqueous solutions it is noted 
that AS0 is very much larger for 2,6-dimethylpyri- 
dine; in aqueous solution, A*S° is positive since S° 
of LLO+ is very small compared to »S0 for BILL 
Solvent clustering is greatly decreased in the di­
methyl compound, thus giving it an abnormally 
high entropy and enthalpy. The predicted AH0 
for the dimethyl compound, if no steric or solvent 
effects were operating, would be: (a) aqueous,
— 2(6.95 —5.70)—5.70 =  —8.20 (observed i s —6.15 
or 75% of the predicted value); (b) CC14 with pyr­
role, — 2(3.8 —3.2)—3.2 =  —4.4 (observed is —3.4 
or 89% of the predicted value). We therefore can 
conclude that our values for the 2,6-dimethylpyri- 
dine reflect a steric effect, only, and that the work 
of Mortimer and Laidler for aqueous pyridines de­
pends on solvent exclusion.

Acknowledgment.— The authors appreciate help­
ful discussions with Dr. R. G. Inskeep. Financial 
assistance from the Research Corporation is grate­
fully acknowledged.

SOLUBILITIES OF SOME STRONG 
ELECTROLYTES IN THE HYDROGEN 

PEROXIDE-W ATER SYSTEM. II. 
RUBIDIUM AND CESIUM NITRATES1

B y  M a r t i n  E .  E v e r h a r d 2 a n d  P a u l  M .  G r o s s , J r . 3

Cobb Chemical Laboratory o f the University o f V irginia , Charlottesville, 
Va., and the D epartm ent o f Chemistry of W ake Forest College, 

W inston-Salem , N . C.

Received July 19, 1961

The solubilities of the smaller alkali metal ni­
trates in the mixed solvent hydrogen peroxide- 
water have been reported by Floyd and Gross.4 
They found that for LiN03, NaNOs, and K N 03 
that the solubilities in water-rich solutions de­
creased with increasing cation size and that in the 
hydrogen peroxide rich solutions, the solubilities 
increased with increasing cation size. In addition 
LiN03 showed a discontinuity in the curve of mole 
fraction hydrogen peroxide in the solvent vs. molal 
solubility at low hydrogen peroxide concentrations 
while the K N 03 solubility curve showed a dis­
continuity in the hydrogen peroxide-rich solutions.

(1) This work received support from the Office of Ordnance Re­
search, U. S. Army. The experimental work presented in this paper 
was carried out at the University of Virginia as a part of the thesis 
submitted by Martin E. Everhard in partial fulfillment of the require­
ments for the degree of Doctor of Philosophy in the Graduate School 
of the University of Virginia, June, 1960.

(2) Philip Francis du Pont Fellow.
(3) To whom inquiries should be directed at Wake Forest College.
(4) J. D. Floyd and P. M. Gross, Jr., J. Am. Chem. Soc., 77, 1435 

(1955).



March, 1962 N otes 549

Subsequent data obtained as a part of this series of 
studies showed that these discontinuities corre­
sponded to the changes in phase LiN03-3H20 -  
LiN03 and K N 0r 2K N 03-H20 2.5 This behavior 
indicated that cation size was an important factor 
in the solubility relations with vajying hydrogen 
peroxide concentration.

To examine further this possible role of the cation 
size, the solubilities of R bN 03 and CsN03 were ex­
amined as well as the nature of the solid phases in 
equilibrium with these systems.

Experimental
The hydrogen peroxide6 used was 95-98% by weight ex­

cept the most concentrated solutions, which were obtained 
by distillation using the method of Gross and Taylor.7 The 
RbNOs was prepared from Rb2C 03 by a modification of the 
method of Puschin and Radoicic.8 The final material was 
repurified to the constant melting point of 313° (cor.) of 
Haigh.9 The solubility in water agreed with Jones.10 Re­
crystallized C.p . grade CsN03 was used.

The solubilities were determined by the method of Floyd 
and Gross.4 Castor and Basolo’s11 procedure, as modified by 
Turner,5 was used to analyze the solid phases.

Results
Figures 1 and 2 show the relation of the molal 

solubilities of R bN 03 and CsN03 to the mole 
fraction H20 2 in the solvent. The discontinuities 
in the R bN 03 curves correspond to the changes in 
phase RbNOr-7RbNO*-3HsOs and 7RbN03-3H20 2-  
2RbN 03-H20 2 as determined by analysis of the 
solid phases on each side of the discontinuities.

The formation of the above hydroperoxidates 
and the increase in solubility of the salts with 
larger cations in hydrogen peroxide-rich solutions 
indicate preferential solvation of these ions by 
H20 2 rather than by H20. Conversely, the forma­
tion of hydrates and lower solubility in hydrogen 
peroxide-rich solutions of the smaller cation salts 
indicate preferential solvation of these ions by 
water. The deviation of the molal solubility, M ', 
of the alkali nitrates in H20 2 from that in H20  
(M HiOi minus M h ,o ) at 25° was found to follow 
the straight line M ' =  33.5r — 39.7 (±0.03 in M '), 
where r is the radius of the cation. CsN03, how­
ever, did not fall on the line, which probably is 
due to the lower charge density of the cesium ion.
The cesium ion would have an effective radius of°
1.53 A. if it would lie on the above line.

These solubility results cannot be explained in 
terms of the dielectric constant, e, of these two 
solvents since emo, is about 10% lower than en,o 
at the temperature of this work. However, it is 
possible that the smaller ions depress €h2o2 more 
than the larger ions, resulting in a lower solubility 
of these ions as first suggested by Akerlof and 
Turck.12 Undoubtedly changes in the activity 
coefficients occur. These changes will be quite

(5) J. W. Turner, Ph.D. Thesis, University of Virginia, Charlottes­
ville, 1957.

(6) Donated by the Becco Division of ĥe F. M. C. Corporation.
(7) P. M. Gross, Jr., and R. C. Taylor, J. Am. Chem. Soc., 72, 2075 

(1950).
(8) N .  A .  Puschin and M . Radoicic, Z. anorg. u. allgem. Chem., 42, 

233 (1937).
(9) F. L. Haigh, J. Am. Chem. Soc., 34, 1144 (1912).
(10) B. M. Jones, J. Chem. Soc., 93, 1743 (1908).
(11) W. S. Castor, Jr,, and F. Basolo, J. Am. Chem. Soc., 75, 4808 

(1953).
(12) G. AkerlSf and H. E. Turck, ibid., 57, 1746 (1935).

significant especially with the formation of new 
species as occurs in the LiN 03, K N 03, and RbNOs 
systems. However, since the activity coefficient 
and the dielectric constant changes of these solu­
tions have not been measured, it is difficult to assess 
these effects properly.

To determine the extent and the nature of the 
solvation in these solutions, the vapor pressure, 
vapor composition, and liquid composition of these 
solutions have been measured over the full range 
of H20 2 concentrations. These results will be re­
ported in a later paper. They support the conten­
tion that the smaller ions are preferentially sol­
vated by the water molecules and the larger ions 
by hydrogen peroxide molecules.

It is interesting to note that the solubilities of 
the alkali metal salts in the nitrogen analogs of H20  
and H20 2, ammonia and hydrazine, show decreasing 
solubility with increasing ion size in both N2H4 
and NH3.13-16 Since the N -N  distance in hy­
drazine is about the same as the 0 - 0  distance in 
H20 2, one might expect to observe the same solu­
bility trends in the N2H4-N H 3 system as in the 
H20 2-H 20  system. The observed difference could 
be due to the weaker ion-dipole interactions of the 
nitrogen compounds as compared to those that 
occur in the oxygen solvents.

(13) H. Hunt and L. Boncyk, ibid., 55, 3528 (1933).
(14) H. Hunt, ibid., 54, 3509 (1932).
(15) L. de Bruyn, Rec. trav. ckim., 15, 174 (1896).
(16) T. W. B. Welsh and H. J. Broderson, J. Am. Chem. Soc., 37, 

816 (1915).
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THE TRANSFERENCE NUMBER AND 
ACTIVITY COEFFICIENT OF

TRIS-(ETH YLENEDIAMINE) -COBALT (III) 
CHLORIDE IN WATER AT 25°

B y  D a v i d  J .  K a r l  a n d  J a m b s  L .  D y e

Kedzie Chemical Laboratory, Michigan State University, East Lansing, 
Michigan

Received August 21, 1961

In connection with studies of high-charge type 
electrolytes in this Laboratory, we have measured 
the transference number and the e.m.f. of cells with 
transference of solutions of tris-(ethylenediamine)- 
cobalt(III) chloride [Co(en)3Cl3] in water as a func­
tion of concentration. These data were used to 
calculate mean activity coefficients for this salt.

Experimental
Materials.— Co(en)3Cl3 was prepared by the method of 

Work.1 The crude product was recrystallized three times 
from ethanol and then a four-step fractional crystallization 
from 50% ethanol-water was performed. Solutions of con­
stant molality were prepared at each step and the conduc­
tivity measured. Constant specific conductance was ob­
tained for the third and fourth fractions. Chloride analysis 
gave 30.79%; ealed., 30.78%. Solutions were made by 
weight dilution of a stock solution.

Potassium chloride, lithium chloride and conductivity 
water (used to prepare all solutions) were purified as de­
scribed elsewhere.2 Traces of bromide in the potassium 
chloride used for electrode preparation were removed by the 
method of Pinching and Bates.3

Apparatus.— The transference and conductance apparatus 
has been described previously.'2 The cells for e.m.f. studies 
are of the same type as those used by Spedding, Porter 
and Wright.4 A Leeds and Northrup type K-2 potenti­
ometer and type R  galvanometer were used for the e.m.f. 
measurements. Average readings obtained by' switching 
electrodes and replacing the solutions were reproducible 
to about ± 0 .0 1  mv.

Results
Transference Numbers.—The transference num­

bers obtained for Co(en)3Cl3 with lithium chloride 
as an indicating electrolyte are given in Table I. 
Volume corrections were made with the aid of solu­
tion densities measured with a 50-ml. calibrated 
pycnometer. Within experimental error, the den­
sities followed the equation

P =  0.99707 +  0.155m

Solvent corrections were made using measured 
conductances which furnished a smooth extension 
of the conductance data of Jenkins and Monk.5 
Conductance data also are given in Table I.

Activity Coefficients.—The cell with transference 
employed in this work may be represented by

Ag.AgCl | Co(en),Cls(Ci) j Co(en)3Cl3(C2) | AgCl.Ag

The e.m.f. data and calculated mean molar activity 
coefficients, y±, are given in Table I. The cal­
culations were made in standard fashion6 using 
the transference data of Table I. Uncertainties

(1) J. B. Work, “ Inorganic Syntheses,”  Vol. II, ed. by W. C. 
Fernelius, McGraw-Hill Book Co., Inc., New York, N. Y., 1945, p. 
221.

(2) J. L. Dye, M. P. Faber and D. J. Karl, J. Am. Chem. Soc., 82, 
314 (1960).

(3) G. D. Pinching and R. G. Bates, Research Natl. Bur. Stand­
ards, 37, 311 (1946).

(4) F. H. Spedding, P. E. Porter and J. M. Wright, J. Am. Chem. 
Soc., 74, 2781 (1952;.

(5) I. L. Jenkins and C. B. Monk, J. Chem. Soc., 68 (1951).

T a b l e  I
E x p e r im e n t a l  T r a n sf e r e n c e  N u m b e r s , C on d uctan ces  
and  E .m .f . V a l u e s , an d  C a lc u l a te d  M e a n  M o la r  

A c t iv it y  C o e ff ic ie n t s  o f  Co(en)3Cl3
Concn. 

(moles/1.) 
X 103

r+
(cor.) A

E.m.f.
(mv.) 3/=t=

0.6790 22.83 0.804
1.3805 12.48 .733
1.9718 0.4872 125.0 7.43 .695
3.3735“ 0.000 .634
4.668 .4850 114.3 -  4.25 .592
7.733 .4836 107.1 -1 0 .7 3 .528

15.337
.4835
.4824 96.7 -1 8 .8 7 .435

23.651
.4821
.4811 90.4 -2 3 .7 9 .381

° Used as a reference solution for e.m.f. measurements.

in extrapolation could give rise to a maximum error 
of ±  1% in the absolute values, but the relative 
values are accurate to at least ±  0.2%.

T a b l e  II
Sm oothed  V alu e s  of th e  M e a n  M o l a l  A c t iv it y  Co-

EFFICIENT of Co(en)3Cl3
m Ti m Ti

0.0010 0.766 0.10 0.221
.0025 . 669 .25 .148
.005 . 583 .50 .101
.010 495 .75 .0805
.025 .374 1.00 .0691
.05 .296 1.11“ .0659

° Saturated solution.

Conclusions
The transference numbers form a smooth curve 

when graphed vs. a/ C. The extrapolation to 7+° =  
0.4945 as given by the conductance of the Co- 
(en)3+++ ion5 forms a reasonable extension of the 
experimental curve. The graphical use of the 
extended Debye-Hiickel equation7 in an attempt 
to evaluate the ion-size parameter a yielded a 
curve rather than a straight line, and the value of 
& obtained from the slope of any part of the curve 
was less than 3.5 A. This indicates that the 
activity coefficients lie below the predictions of the 
Debye-Hiickel theory for any reasonable value of 
a. This is in the direction to be expected if ion- 
association occurs.

The data fit in well with the activity coefficient 
data of Brubaker8 determined by the isopiestic 
method at higher concentrations, except that 
his values for m =  0.01 and m =  0.025 (extrapo­
lated below the experimental range) appear to be 
high by about 2.7%. The data of Brubaker at 
higher concentrations fall on a smooth extension 
of our curve. Table II gives smoothed values of 
the mean molal activity coefficient, y± , of this 
salt up to the saturation point.

Acknowledgment.—This work was supported in 
part by a grant from the National Science Founda­
tion.

(6) D. A. Maelnnes and T. Shedlovsky, J. Am. Chem. Soc., 61. 200 
(1939); T. Shedlovsky, ibid., 72, 3680 (I960).

(7) See for example, F. H. Spedding and J. L. Dye, ibid., 76, 879 
(1954), Fig. 2.

(8) C. H. Brubaker, Jr., ibid., 79, 4274 (1957).
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THERMOLUMINESCENCE OF GOLDEN 
SAPPHIRE AND FUSED BORAX SEEDED 

W ITH Ni, Mg, AND U 03
B y  H. A. W o o d b u r y , H. E y r i n g , a n d  A. F. G a b r y s h

Departm ent o f  Chem istry, University o f  Utah, Salt Lake City, Utah 
Received Septem ber 1, 1961

Several investigators1 2 3“ 4 have studied absorption 
and emission properties of a-Al20 3 and a number of 
glasses. Levy and Dienes6 have reported on the 
effects of Co60 y-rays on the light transmission 
properties of corundum. Gabrysh, et al,,6 reported 
on the effects of oxygenation and solarization of 
synthetic sapphire. Rieke and Daniels7 have 
studied thermoluminescence of various crystal 
phases of polycrystalline aluminum oxide in the 
5 to 425° region. Rieke8 also has reported on the 
thermoluminescence of inorganic crystals and 
glasses. The object of this study was the influence 
of impurities and single-crystal structure on thermo­
luminescence glow curves for samples irradiated at 
liquid nitrogen temperatures.

Thermoluminescence of golden sapphire (AI2O3 
containing nickel and magnesium impurities) is 
first compared to a sample of soda boron oxide glass 
containing a small amount of nickel, then to a 
sample containing magnesium, and finally to a 
sample containing both nickel and magnesium.' 
A comparison also is made of glow curves for vari­
ous wt. %  of U 03 as the network modifier in the 
glass structure.

Experimental
Specimens were held in an aluminum holder which was 

submerged in liquid nitrogen during exposure to a high 
intensity CoG0 7-source. The intensity of the field was 
determined by standard9 ceric sulfate dosimetry as 1.4 X 
105 rad/hr. After irradiation 7he samples immediately 
were transferred from the liquid nitrogen into a measuring 
apparatus described elsewhere.10 The temperature was 
monitored by an iron-constantan thermocouple placed into 
a hole which was drilled into the holder next to the sample. 
Thermoluminescence intensity and specimen temperature 
(glow curve) were automatically and simultaneously plotted 
as a function of time by an X -Y  recorder.

Four boron oxide glass samples were made by fusing, in a 
platinum crucible, the following reagents with 5.0-gram 
portions of Na.BiOiTOILO: Sample 1 was a “ blank”  for 
background study, sample 2 contained 0.1 g. of NiO, 
sample 3 contained 0.1 g. of MgO and sample 4 contained
0.1 g. of NiO +  0.1 g. of MgO. Fusion of these mixtures 
was carried out at ~ 1000° after which thin-rod samples were 
drawn from the melt. The diameter of the one-inch long 
glass specimens used in this study was about 0.7 mm. The 
sliver-like golden sapphire (A120 3 with Ni and Mg impurities) 
specimen was 4.0 mm. long and had sides of 1 and 2 mm.

(1) R. A. Hunt and R. H. Schuler, Phys. Rev., 89, 664 (1953).
(2) R. W. Kebler, “ Optical Properties of Synthetic Sapphire," F- 

8727, Linde Air Products Company, Indianapolis, Ind.
(3) R. Bauple, A. Gilles, J. Ramand, and B. Vodar, J . Opt. Soc. A m ., 

40, 788 (1950).
(4) G. E. Rindone, Report; Reprinted from the Travaux du IV 

Congress International du Verre, Paris, 1956.
(5) P. W. Levy and G. J. Dienes, “ Report of the Conference of De­

fects in Crystalline Solids,”  H. G. Wells Physical Laboratory, Univer­
sity of Bristol, Physical Society, London, 1954, pp. 256-260; Phys. 
Rev., 94, 1409 (1954).

(6 ) A. F. Gabrysh, H. Eyring, and Taikyue Ree, J. Phys. Chem., 65, 
1547 (1961).

(7) J. K . Rieke and F. Daniels, ibid., 61, 629 (1957).
(8 ) J. K. Rieke, ibid., 61, 633 (1957).
(9) J. Weiss, N ucleonics, 10, 28 (1952).
(10) A. F. Gabrysh, V. LeFebre, M. Evans, and H. Eyring,“ 7 -Ray

Induced Thermoluminescence in a-AhCh,”  in preparation for publica­
tion.

T im e  (M in u te s ),

Temp. °K.

Fig. 1.— (a) Fused borax glow-curve intensity as a func­
tion of time and temperature (Ta = ambient room tempera­
ture); (b) glow curves for uranium as the network modifier.

Results
Thermoluminescence glow curves are produced 

after irradiation with 7 -rays for samples of fused 
borax glass seeded with nickel, magnesium, and 
uranium. All of the thermoluminescence peaks, 
Fig. 1, are reproducible after successive irradia­
tions and are found to lie in one of three ranges; 
~80°K ., 168 ±  5 °K , and 228 ±  5°K. The 
quantity of light emitted generally remains the 
same in the specimens seeded with Mg and Mg +  
Ni for successive irradiations of equal exposure 
periods. However, after many irradiations at 
liquid nitrogen temperatures and annealing to 
room temperature, the sample containing only Ni 
as the network modifier showed an increase in the 
intensity for the 228°K. peak. Perhaps the in­
crease is due to permanent capture of an electron 
by Ni+++ atoms, thus decreasing the number of 
these “poison” N i+++ atoms. (A microscopic 
examination of newly broken ends of the samples 
showed green and olive spots together with many 
brown-black spots. There is little agreement1 1  
on the existence of either Ni+++ or Ni++ or 
Ni++++; however, it is theorized, on the basis of 
evidence given by Sidgwick, 12 that the brown- 
black color results when Ni+++ ions are present.)

Figure lb gives the glow curves for LT03 as the 
network modifier in the host borax lattice. A 
sample containing 0 . 1  wt. % exhibits a curve typi­
cal of the host network with nothing added. Suc­
cessive increases of the amount of U0 3 in the host 
lattice resulted in a growth of the glow peak at 
180°I\. The peak began to appear at about 2 wt, 
%•

The glow curves for single crystalline golden 
sapphire (Ab03 containing Ni and Mg), Fig. 2a, 
show characteristics different from the Ni and Mg 
seeded glass samples. Here the intensity of light 
and the temperatures at which the maxima occur 
vary somewhat, The thermoluminescenee peaks, 
unlike those of the fused glass specimens, gener­
ally show a decrease with cumulative and succes-

(11) J. W. Mellor, “ A Comprehensive Treatise on Inorganic and 
Theoretical Chemistry,”  Longmans Green and Co., London, Vol. 15, 
1936, p. 393.

(12) N. V. Sidgwick, “ The Chemical Elements and their Com­
pounds," Oxford Univ. Press, London, 1950, pp. 1449-1450.



552 N otes Vol. 66

T im e  (M in u te s ).

Time (min.).

Fig. 2.— (a) Glow curves for golden sapphire. Curves 
(DBS) coincide for dark current, background for non- 
irradiated sample, and sample-holder background after 
irradiation; (b) heating cycle where Ta is the ambient room 
temperature; (c) heat of activation.

sive 30-min. irradiations. Also, the peaks occur at 
slightly increased temperatures. Thermolumines­
cence did not occur without previous exposure to 
7-radiation in either the glass specimens or the 
sapphire. After exposure to 7-radiation, only the 
golden sapphire showed light-induced thermolumi­
nescence even weeks after the initial exposure to 
7-rays. Heating the sapphire to about 400° an­

nealed out the 7-ray induced defects and there was 
no subsequent light-induced thermoluminescence.

In golden sapphire three (possibly 4—the appar­
ent resolution of peaks at ~236°K . is not presently 
understood) dominant absorption bands are noted 
with maxima at 100 ±  5°K., 133, and 236°K., with 
an additional weak band appearing in the region 
around 273 °K. for a sample irradiated and annealed 
to room temperature many times. For all bands 
the temperatures at which the peaks occur appear 
to be similar, while the intensities vary greatly. 
At 236° the band from a new specimen, irradiated 
for 1 hr., appears to be resolved (solid curve—  
Fig. 2) into two peaks, ~225 and 245°. The 
sample immediately was returned to liquid nitrogen 
and irradiated for 35 min. The resulting (dashed) 
glow curve shows even greater resolution with the 
peaks slightly shifted to higher temperature. A 
similar resolution was observed10 in several samples 
of white sapphire; however the resolution was slight 
and the trough dropped only about 2-5%  of the 
peak intensity. The above curves show a drop of 
30 (solid curve) and 60% (dashed curve) after the 
first and second irradiations, respectively. A week 
later subsequent irradiations of the same sample 
resulted in a glow band similar to that shown for 
the fifth irradiation (dotted curve). Successive 
irradiations of other samples for 5, 10, 20, 30, and 
40 min. effected thermoluminescence of increasing 
intensity; e.g., the constructed light dashed curve 
of Fig. 2. Longer irradiation periods of 60, 80, 
100, and 120 min. resulted in a gradual decrease 
of the intensity peak; e.g., the constructed light 
solid curve of Fig. 2. In some samples resolution 
of the 236°K. peaks with varied trough intensity 
occurred after a 40-60 min. exposure to the 7- 
rays.13

Discussion
The glow curves of Fig. 1 and 2a indicate that 

thermoluminescence is induced by Co00 7-irradia­
tion. The locations of the maxima for the fused 
boron matrix specimens do not vary but the areas 
under the maxima vary markedly with the type of 
impurity.

In order to contrast the luminescence of boron 
glass seeded with the same impurities, Ni and Mg, 
which are present in the single-crystal hexagonal 
close-packed structure of golden sapphire, it might 
be well to inquire into the structure of the boron 
matrix. Because different metal oxides have vari­
ous miscibilities with the boron oxide (p. 382 of ref. 
12) the exact compositions of the samples cannot 
be predicted. In the process of heating, the com­
position Na2B4Orl0H2O is reduced to Na2B407- 
8H20  at 75°, to Na2B407-5H20  at 120° and to Na^

(13) The parameters effecting a resolution of the 236°K. peak are 
not yet determined due to the loss of access to an irradiation facility. 
Irradiating time and heating rate appear to play a prominent part in 
the resolution. Phenomena similar to that observed in golden sap­
phire were observed in white (AI2O3) sapphire, pink (AI2O3 +  O 2O3) 
sapphire, blue (AI2O3 +  Fe2 0s +  FeTiCb +  LiO) sapphire, garnet, and 
spinel. Also, using a resonant-bar technique with quartz14 as the piezo­
electric resonator, a preliminary study showed an appreciable change 
in resonant frequency for a composite AhOs-quartz resonator wThen the 
previously 7 -irradiated AI2O3 was exposed to a light beam. Non-ir- 
radiated specimens did not exhibit this phenomenon. These studies 
will be resumed when a new 7 -source becomes available.

(14) J. Marx, Rev. Sci. Instr., 22, 503 (1951).
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B4O7 at 741 °. When the Na2B407 is heated to 966°, 
the metaborate, NaB02, is obtained; e.g., Nar- 
B4O7 = NaB02 +  B20 3. If NiO or MgO is present, 
the balanced equations probably will be16 NiO +  
Na2B407 =  bii(B02)2 -(- 2NaB02 or MgO -¡- Na2- 
B4O7 =  M g(B 02)2 +  2NaB02. Although these 
formulas balance, the resulting compounds of 
NaB02, N i(B02)2, M g(B 02)2, and B20 3 do not exist 
as separate, discrete molecules, but probably are 
combined in a polymer or a crystal lattice of ran­
dom arrangement, as originally proposed by Zacha- 
riasen.16

Figure 3 shows a proposed, schematic, somewhat 
different from models of other investigators,16-18 
for the structure of the soda-boron oxide glass. 
The radii of the atoms are approximately propor­
tional to their actual ionic radii.19 The impurity 
atoms are shown as the network modifiers.

According to the conjectural model in Fig. 4 
luminescence emission does not occur after y- 
irradiation, with N i+++ (or N i++++) as a network 
modifier because N i+++ traps incorporated locally 
(Fig. 4a) in the conduction region permanently 
hold electrons (N i+++ +  e —> N i++) preventing 
their radiative transition to lower energy states 
(dotted curve of Fig. la). The radiationless loss 
of energy by these electrons includes collapse of ex- 
citon states by small increments corresponding to 
phonon energies. With Mg as the modifier, Fig. 
4b, an electron makes a radiative transition from 
levels near the lower edge of the conduction band. 
The energy is emitted as a photon, resulting in a 
glow peak at 165°K. (dot-dash curve of Fig. la). 
The initial “ tail”  at 90°K. is characteristic of the 
host lattice, which showed a curve like the dashed 
curve of Fig. lb. When both Ni and Mg are 
present in the host network, the glow curve (dashed 
curve of Fig. la) exhibits an emission process that 
is a composite (Fig. 4c) of strong electron capture 
by Ni, resulting in general intensity decrease and 
radiative transition in Mg, which effects a weak 
glow peak at 165°K.

The model of Fig. 4c shows energy states in the 
golden sapphire lattice. In this model, the 7- 
rays induce traps of the Ni and Mg type, plus trap 
and metastable states characteristic of the A120 3 
lattice (hexagonal close-packed). Two types of 
Al20 3-traps corresponding to 100 and 133°K. are 
of lower energy than the Ni trap but higher than 
the Mg trap (168°K.). A third type is lower 
(236°K.) than the Mg trap. Metastable states 
correspond to electrons in 7-ray induced levels 
from which radiative transitions to lower unoc­
cupied levels are not possible. However, the meta­
stable-state electrons can be raised to higher levels 
from which radiative transition (the light induced 
luminescence observed after the crystal was an­
nealed to room temperature) to lower levels is al­
lowed.

(15) J. R. Partington, "General and Inorganic Chemistry,”  The 
Macmillan Co., Ltd., London, 1958.

(16) W. H. Zachariasen,. / .  Am . Chem. Soc., 5 4 ,  3841 (1932).
(17) B. E. Warren, J. Appl. Phys., 8, 645 (1937).
(18) J. M. Stevels, "Non-Crystalline Solids,”  John Wiley and Sons 

Inc., New York, N. Y., 1960, p. 412, Edited by Y. D. Frechette.
(19) J. Kleinberg, W. J. Argersinger, and E. Griswold, ‘ Tnorganio 

Chemistry,”  D. C. Heath and Co., Boston, Mass., 1960, p. 75.
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Fig. 3.-—Schematic representation of random atom arrange­

ments for soda boron oxide glass.
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Fig. 4.— Energy-band mo iel for luminescent charac­
teristics of the host matrix and impurities; (a) Ni, (b) Mg, 
and (c) Ni +  Mg.

Williams and Eyring20 have successfully treated 
the luminescence of solids in terms of spontaneous 
and metastable recombinations of electron traps. 
In terms of a model where metastable states of 
equal depth empty with a single rate determining 
step to produce luminescence, one can write for the 
emission intensity I

I  =  acN/dt =  ctNk' (1)
where a is a constant correlating emission inten­
sity and the rate of decraase of trapped electrons. 
If N  and N0 are the number of electrons in the meta­
stable state at times t and U and k' is the specific 
rate constant for crossing the potential barrier of 
the metastable and emitting states, the rate of de­
crease of trapped electrons is then

N  =  N a exp(^— k'dtj (2)

(20) F. E. Williams and H. Eyring, J . Chem. P h y s 15, 289 (1947).
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For a heating rate dT/dt, I  becomes

I  = a N 0k' e x p ( -  f k k ' d r )  (3)

Solving and expanding (3) with the heating rate one 
gets
/ 'T dTK ' dT  =  Tfi In

To di [' -  ( * * * ) ]  -
dT 
d t LU w ]  <•>

If the number of trapped electrons undergoing 
radiationless recombination is negligible, N0 and 
N  can be expressed in terms of the integrals of the 
emission intensities and the number of radiating 
electrons so that the specific rate constant, from
(4), becomes

K ' = d
dT (5)

Equations 1 to 5 may be used to analyze the 
data as illustrated below, using the experimental 
curve at 100°K. of Fig. 2. By measuring the area 
under the glow peak a total light sum from a par­
ticular energy state is obtained. Areas up to 
specific temperatures also are measured to obtain 
that part of the total light sum that is a func­
tion of the number of photons emitted before reach­
ing the specific temperature. The light sums are 
inserted in (5) and a rate constant is obtained by 
graphic estimation of the slope. The integral of 
the rate constant over the temperature, plotted 
as a function of the absolute temperature, gives a 
curve whose slope is the specific rate constant.21 
The values of A and E in the specific rate constant 
expression, k' =  AT  exp( — E/kT), may be esti­
mated from a plot against 1 /T  of the logarithms

/»t 2
k' dT vs. T\ as done in

T1
Fig. 2c. The heat of activation, 2900 cal. per 
mole, is obtained from the slope of the line and the 
frequency coefficient, 1.02 X 106, from the inter­
cepts. The explicit form of the rate constant, 
k' =  1.02 X 105 T exp( —2900/ET), is substituted 
in (3) along with the value aN<> =  1.5, obtained 
from a graphical integration of

1 (*00
aN„ = -rwrjT, | I  d T

dT/dt J  To

Calculated points (solid dots) for the curve at 
100°K. are compared with the experimental 
curve (solid line) in Fig. 2a.
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TRANSLATIONAL ENERGY 
ACCOMMODATION IN THE 

NICKEL-CHLORINE SURFACE REACTION1
B y  J. D .  M c K i n l e y

National Bureau of Standards, Washington, D. C.
Received September 11, 1961

A method of measuring the transfer of transla­
tional energy in gas-surface collisions is described. 
The experiments are part of an experimental in­
vestigation of the kinetics of the high temperature 
surface reaction between chlorine and nickel.2 Mass 
spectrometric measurements were made of a colli­
mated beam of unreacted chlorine reflected from 
the nickel surface at surface temperatures between 
1100 and 1600°K. By a simple modification of the 
mass spectrometer ion source it was possible to 
measure the flux and density of this beam. The 
latter equals the flux divided by the average ve­
locity of the beam molecules, and the ratio of the two 
quantities gives the average beam velocity. The 
accommodation coefficient of the beam gas on the 
reflecting surface can be computed from this velocity 
together with the temperature of the beam before 
reflection and the surface temperature.3 In the 
chlorine-nickel reaction it was found that from 20 
to 40% of the chlorine reacts on the surface to form 
NiCl or NiCk, while the remaining chlorine is re­
flected without reacting and without a measurable 
gain in translational energy. The experimental 
method has fairly general application to measure­
ments of translational energy accommodation, and 
should be especially useful when a chemical reaction 
occurs between the gas and the surface as is the case 
here. The method together with some results for 
the nickel-chlorine reaction is described below.

Experimental
Experiments were carried out in a stainless steel vacuum 

system consisting of three separately pumped chambers con­
nected in series by collimating slits, 0.005 X 0.5 in. Chlo­
rine from an effusion source in the first chamber passes as a 
collimated beam into the second chamber where it strikes a 
nickel target mounted with its long axis 45° to the beam 
direction. A beam of evaporated reaction products and re­
flected chlorine collimated at right angles to the incident 
beam passes into the third chamber containing the ion 
source of a pulsed beam time-of-flight mass spectrometer.4 
By means of a quartz liner, the ion source is completely en­
closed except for the electron beam ports, ion exit grid, 
sample beam inlet, and sample beam outlet. The latter 
may be closed by a stainless steel door controlled magneti­
cally from outside the vacuum. With this door open, the 
reflected chlorine beam passes once through the ion source 
and is condensed on a liquid nitrogen cooled surface above 
the ion source. With the door closed the beam gas accumu­
lates in the ion source to a pressure determined by the escape 
area of the ion source, the size of the inlet slit, and the beam 
flux. The escape area of the closed ion source is about 1 /20 
of the interior surface area, and the density of the scattered 
gas is about 60% of the density of the beam at 300 °K.

The nickel target was a strip of high purity polycrystalline 
nickel 3 mm. wide and 5 cm. long mounted on 1/4 in. diam.

(1) This research was supported by the U. S. Atomic Energy Com­
mission.

(2) J. D. McKinley and K. E. Shuler, J. Chem. Phys., 28, 1207 
(1958).

(3) For a discussion of the important features of the measurements 
by J. K. Roberts and the pertinent references see A. R. Miller, “ The 
Adsorption of Gases on Solids,”  Cambridge University Press, Cam­
bridge, 1949.

(4) W. C. Wiley and I. H. McLaren, Rev. Sci. I n s t r 26, 1150 (1955).
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copper rods, which served as electrical leads. The nickel was 
pretreated by heating to 1000°K. for at least 12 hr. while 
hydrogen from the effusion source flowed over it at pressures 
of about 10-s mm. By extensive baking and outgassing 
the background pressure in the target chamber was reduced 
to less than 10 ~7 mm. The problem of surface contamina­
tion of the nickel is minimized to some extent by the high 
efficiency of the reaction with chlorine and by the use of in­
tense beams; fluxes of chlorine at the surface were 1016 to 
1018 molecules cm .-2 sec.-1. The first-order pressure depen­
dence of the reaction both in these beam experiments and at 
chlorine pressures up to 0.5 mm.2 indicates that the surface 
is effectively free of chlorine. Chlorine obtained from a com­
mercial cylinder was subjected to several bulb-to-bulb dis­
tillations and stored in a 5-liter Pyrex reservoir at about 1 
atmosphere. It flowed to the effusion cell through copper 
tubes and monel valves. It contained no impurities detect­
able as such in the mass spectrometer.

With liquid nitrogen cooled traps connected to each 
chamber and separate traps within the second and third 
chambers, background chlorine from the target chamber is 
not detectable above the hydrocarbon background, which is 
less than 5%  of the total signal. Background chlorine in the 
ion source chamber was not measured directly; the positions 
of slits and traps, and the results in Table I below indicate 
that it must be very small.

Measurements were made of the ,0Cl2+ ion current with 
the door open and closed under the various conditions de­
scribed below. In order to minimize uncertainties in the 
ion current due to inevitable fluctuations in the various 
factors affecting the instrumental sensitivity, argon was 
admitted to the mass spectrometer through a controlled 
leak 15 cm. from the ion source. It flowed continually past 
the ion source at a low constant pressure (less than 10-8 
mm.). The chlorine ion currents reported below are ratios 
of 70Ck + ion current to 40A r+ ion current. The two ion cur­
rents are measured concurrently in a two channel gated 
pulse counter. The ratio, / ( Cl«+) / / ( A r +), is independent 
of fluctuations in instrumental sensitivity. The argon current 
is not affected by the door position as is to be expected since 
argon can enter the ion source from all directions. In these 
experiments the sample density is either (door open) the 
density of the reflected chlorine beam,//Sb

Jo = Sf/v„ = SKhf/(T by/i (i)

T able I
Chlorine Ion Current 70C12+; Chlorine Beam D i­

rectly from E ffusion Furnace 
r  -  l

T b ,  °K. h ” h R  -  1
0Tb) W !
X  10»

T , jalcd.,
°K.

1 339 1045 1720 0.65 3.53 301
2“ 355 3400 5750 .69 3.66 345
3“ 368 3450 6000 .74 3.85 397
4“ 557 2670 5080 .90 3.81 586
5“ 613 2450 4770 .95 3.84 647
6 680 540 1050 .95 3.64 647

* At same Cl2 flow, approximately 10u molecules sec.-1 
into ion source. b Arbitrary units, the ion currents are in 
the range 10-100 ions sec.-1.

or (door closed) the sum of the beam density and the density 
of the scattered gas in the ion source, f/vaAa/A

Jc =  S [K bfA T by A +  K,f4a/(T.y/*A] (2)

f  =  reflected beam flux, molecules cm.-2 sec.-1
vb =  av. velocitv of beam molecules =  ( HART/M)'/* =

(:Tb)'h/Kb
v, =  av. velocity of molecules in equilibrium with ion 

source walls (SRT/M)1/* =  ( T*)'/*/K,
Tb =  temp, of gas in reflected beam 
Ta =  temp, of gas in equilibrium with ion source

/„ =  chlorine ion currents with door open and closed 
S =  instrumental sensitivity, a function of ionization 

cross section, ionizing electron current,attenua­
tion of ion beam in flight tube, detector ef­
ficiency

a =  cross sectional area of beam inlet slit 
A =  total escape area of closed ion source

The ratio of the ion currents with the door closed and open 
is related to the beam temperature by
Jo/Jo = ¿2  =  1 +  C(Tbyh , [O =  (4a/A(T.y/*-K./Kb)]

(3)
In using equation 3 the assumption is made that reflected 

chlorine that strikes the closed door comes quickly to equilib­
rium with the ion source walls. A scattered molecule makes 
on the average 20 wall collisions before leaving the ion 
source. If the chlorine is at room temperature after reflec­
tion the question of equilibration with the ion source is im­
material. If it were at a significantly higher temperature 
after reflection but did not equilibrate with the ion source, 
the ratio, R, would be independent of Tb■ This seems un­
likely, however, because of the results in Table I, and also 
because it implies substantial energy transfer on the nickel 
surface during one collision, but none on the ion source walls 
during several collisions.

The technique was tested by replacing the nickel target 
with a Pyrex effusion furnace from which chlorine effused 
directly into the ion source. The temperature of the 
effusing chlorine was measured with a thermocouple inside 
the furnace. Ion currents measured at several furnace tem­
peratures are shown in Table I. Since A is not known ac­
curately, the applicability of the method is demonstrated 
by the constancy of (¿¡¡ — l)/ (T by/*, (C  in equation 3). 
From equation 3 and the mean value of C from the six 
measurements, the temperatures in column 6 were obtained.

The results of experiments in which chlorine was reflected 
from nickel at room temperature and at temperatures be­
tween 1100 and 1600°K. are shown in Table II. The_beam 
temperature is calculated with equation 3 using the C from 
three measurements with the nickel target unheated (300‘
K .). The range of the three values of Tb «nth the

T able II
Chlorine Ion Cuerent; Chlorine Beam Reflected 

from Nickel Surface
Nickel temp.“ lob R -  1 Tb

Unheated 915 1485 0.62 342
Unheated 385 625 .62 342
Unheated 305 459 .50 223
1107 140 240 .71 450
1190 850 1350 .59 311
1256 125 200 .60 321
1325 825 1255 .52 236
1430 335 510 .52 236
1525 260 420 .61 332

a Determined with optical pyrometer. 6 Arbitrary units.

nickel unheated is 40%  of the mean. The instabilities in 
the counter circuitry seem to be a main factor affecting the 
precision of these determinations. The remaining values 
of Tb in Table II exhibit considerable scatter (range of 210°, 
mean 330°) but show no trend with surface temperature 
when the latter is increased by 1200 0. The values of ( R — 1 ) 
corresponding to complete accommodation would be 1.03 at 
1100°K., 1.25 at 1500°K.; the observed values range from 
0.50 to 0.71. Using this range as a measure of the un­
certainty, an upper limit of 0.15 can be placed on the ac­
commodation coefficient for unreacted chlorine.

Discussion
The results in Table II indicate that very little 

translational energy is transferred during the one 
collision that the chlorine molecule makes with the 
reacting surface. Such poor accommodation is 
surprising since a large fraction of the incident chlo­
rine reacts with the same surface. There are very 
few direct measurements of accommodation co­
efficients on clean metals. The early experiments 
of Roberts which were performed with He and Ne 
on carefully cleaned W with temperature differences 
of about 20° probably are the most reliable,_ and 
under these conditions accommodation coefficients 
in the vicinity of 0,05-0.06 were obtained.3 Since
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the reaction with nickel most probably involves an 
initial dissociation of chlorine on the surface, the 
low accommodation coefficient of the unreacted gas 
indicates that little or no energy transfer occurs 
except in those surface collisions favorable for chlo­
rine dissociation.

Acknowledgments.—-Thanks are due to Mr. J. H. 
McAuley for designing and building much of the 
apparatus and for assistance with the experiments.

KINETICS OF EXCITED MOLECULES.
III. PHOTOOXIDATION OF ACETONE1

By A l e x a n d e r  D. K i r k  a n d  G e r a l d  B. P o r t e r

Department of Chemistry, University of British Columbia, Vancouver, 
Canada

Received September 11, 1961

Although the photooxidation of acetone has been 
studied in detail in the temperature range above 
100°,2 3'8 the only information available about the 
reactions at or near room temperature is that of 
Marcotte and Noyes.2 At the high temperatures, 
it usually is assumed that acetone dissociates with 
unit quantum yield, however, it has been established 
that the primary yield is less than one at 25°.4 5 
Biacetyl, like oxygen, quenches the phosphorescence 
of acetone and at the same time reduces the primary 
quantum yield. Hence, it is of considerable inter­
est to investigate the photooxidation at room tem­
perature to determine the nature of the interaction 
of oxygen with excited molecules.

Experimental
Photolyses were carried out in a cylindrical reaction vessel 

of about 170-ml. volume. In most runs, a mixture of oxy­
gen and nitrogen (78.7% 0 2) was added from a doser, but it 
also was possible to add pure oxygen from a second storage 
system. Nitrogen, which cannot affect the reaction in the 
small concentrations used, served as an internal standard for 
gas chromatographic analyses. Acetone was purified by 
standard procedures.

The light source used throughout was a B .T .H . 250-watt 
medium pressure mercury arc. Monochromatic light at 
about 2800 A. was obtained with a Bausch and Lomb grating 
monochrometer. For 3130 A ., a filter consisting of 3 mm. 
of Corning 9863 glass, 10 mm. of potassium chromate solu­
tion (0.014 g./lOO ml.) and 10 mm. of potassium hydrogen 
phthalate (0.2 g./lOO ml.) was used.6 * Transmitted light 
intensities were measured by potassium ferrioxalate actinom- 
etry.6 For convenience in the measurement of the extinc­
tion coefficients of acetone, the ratio of transmitted and in­
cident intensities was determined with an RCA 935 photo­
cell and recorder. Beer’s law was obeyed under all condi­
tions of the experiments. Absorbed intensities were cal­
culated from the transmitted intensity, integrated by the 
aetinometer, the acetone pressure and the extinction co­
efficients. Corrections were applied for window reflections 
and absorptions. These procedures were checked by photo- 
lyzing acetone at 128° and measuring the quantum yield of 
carbon monoxide. The average values obtained, 0.90 at

(1) This research was supported in part by a grant from the Pe­
troleum Research Fund administered by the American Chemical 
Society and in part by a grant from the National Research Council of 
Canada. Grateful acknowledgment is hereby made for this support.

(2) F. B. Marcotte and W. A. Noyes, Jr., Discussions Faraday Soc., 
10, 236 (1951); J. A n . Chem. Soc., 74, 783 (1952).

(3) D. E. Hoare, Trans. Faraday Soc., 49, 1292 (1953).
(4) J. Heicklen and W. A. Noyes, Jr., J. Am. Chem. Soc., 81, 3858 

(1959).
(5) M. Kasha, J. Opt. Soc. Am., 38, 929 (1948).
(6) C. G. Hatchard and C. A. Parker, Proc. Roy. Soc. (London),

A235, 518 (1956).

Fig. 1.—Plot of l/<i> versus pressure of acetone (mm.) at 
2800 A. and 25°: 9 , C 02; O, 0 2.

Fig. 2.— Plot of l/<$ versus pressure of acetone (mm.) at 
3130 A. and 25°: 9 , C 02; O, 0 2.

2800 A . and 1.05 at 3130 A ., are in reasonable agreement 
with the expected value of unity.

Analysis of the oxidation products was limited to methane, 
ethane, carbon monoxide, carbon dioxide, nitrogen (as a 
standard) and unreacted oxygen. This mixture was sepa­
rated into non-eondensable and condensable fractions at 
— 196°. The carbon dioxide fraction was distilled off at the 
temperature of a petroleum ether slurry (about —140°) thus 
excluding other oxidation products as well as unreacted ace­
tone. These fractions were measured in a gas buret and 
analyzed by gas chromatography using a Molecular Sieve 
column for the non-condensable fraction and silica gel for the 
condensable. The practical maximum oxygen pressure 
which could usefully be employed was set by the limited 
capacity, 10 ¿¿mole, of the analysis system.

Results
The experimental results are summarized in 

Table I. Several features may be noted: 1. The 
quantum yield of carbon dioxide and the quantum 
uptake of oxygen are independent of oxygen pres­
sure but vary with acetone pressure as shown in 
Fig. 1 and 2. The small yields of carbon monoxide 
and the resulting scatter in the analyses preclude 
any firm conclusion; however, a similar trend ap­
pears. 2. The quantum yields are larger at 2800
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A. than at 3130 A. by a factor of about four. 3. 
The ratio of the quantum uptake of oxygen to the 
quantum yield of carbon dioxide is close to two 
under all conditions studied. 4. No significant 
amounts of either methane or ethane were detected.

T a b l e  I
P h o t o ö x i d a t i o n  o f  A c e t o n e

Acetone
pressure,

mm.
7a,

quanta/sec. 
X 10-13 t, sec. <£co $C02 — $0

27.7 5.3
3130 A., 25° 
7200 0.055 0.31 0.60

46.2 5.5 7800 .023 .24 .40
56.2 12.6 3600 .016 .20 .30
71.9 11.0 8200 .037 .21 .49
77.9 4.5 7200 .011 .14 .30
81.6 35.9 3100 .037 .16 .29

56.1 28.7
3130 Ä., 45° 
11100 0.070 0.23 0.47

55.9“ 21.9 11400 .079 .20 .54
55.4 21.3 4400 .056 .26 .55
52.0 19.6 3500 .058 .31 .69
50.2 15.4 6400 .060 .27 .59

22.7 3.5
2800 A., 25° 
7600 0.29 1.12 2.30

39.9 4.7 7900 .34 1.26 2.74
51.1* 6.7 5400 .14 0.80 1.62
71.4 4.0 5400 .14 .72 1.40
76.0 7.9 6200 .13 .71 1.41

50.0 5.1
2800 A., 45° 
7200 0.10 0.79 1.64

57.0 3.1 7300 .18 1.32 2.57
58.0 2.9 8000 .16 1.21 2.03
79.0* 2.7 6300 .16 1.68 3.60
“ O2pressure =  0.85 mm. 4 O2pressure =  0.56 mm.

Discussion
Although the detailed radical mechanism for the 

photooxidation of acetone has not been firmly 
established, the constancy of the ratio “ i ’o j /ic o , 
as well as of the ratios of the quantum yields at the 
two wave lengths clearly demonstrates that the 
variations in the quantum yields observed in this 
work are not due to any change in mechanism. 
Instead they must be caused by changes in the pri­
mary quantum yield with, on the one hand, acetone 
pressure and, on the other, wave length absorbed. 
The primary quantum yield, <p, cannot be calculated 
directly from the data, but it is possible to establish 
maximum values. At 2800 A., the carbon dioxide 
quantum yield is about 1.2 at the lowest acetone 
pressure studied, while the value obtained by ex­
trapolation to zero pressure (Fig. 1) is about two. 
Since the primary quantum yield cannot exceed 
unity, the ratio 4>/<$co, cannot exceed 0.8 or, based 
on the extrapolation, 0.5. When these figures are 
carried over to the longer wave length, it is found 
that at 50 mm. of acetone, for example, 4> must 
certainly be less than 0.16, and possibly as small as 
0.1. Heicklen and Noyes6 estimate </> in the pho­
tolysis of acetone under the same conditions to be 
about 0.65. Hence oxygen decreases 4> by at least a 
factor of 0.65/0.16 or about four.

The behavior of the primary quantum yield, 
which is proportional to either 4>co, or —ho,, is simi­

lar to that found in other systems.7 It can be in­
terpreted as a competition between dissociation of 
an excited singlet molecule and its collisional deg­
radation. At the shorter wave length, the excited 
molecules have considerable vibrational energy and 
decompose rapidly, while at the longer wave length, 
dissociation is slower ani a relatively larger pro­
portion of the excited molecules is deactivated by 
collision to the near wbrationless states. This 
mechanism predicts the knear relationship between 
1 /<(> and pressure shown in Fig. 1 and 2.

Although collisional deactivation is occurring, a 
change of oxygen pressure over wide limits has no 
effect on the quantum yields. However, oxygen 
does lower the primary q uantum yield significantly 
at 3130 A. The deactivation described above leads, 
by intersystem crossing, to a long-lived triplet 
state, which is known, ty  quenching of the phos­
phorescence, to be degraded by oxygen.8 In the 
absence of oxygen even at room temperature, tri­
plet state molecules must be able to dissociate ther­
mally and it is this reaction which makes up the 
major part of the primary quantum yield in the 
photolysis.

Biacetyl also removes triplet state excitation by 
energy transfer and reduces the primary quantum 
yield to a limiting value of 0.2 at 3130 A. at 0.1 
mm. of biacetyl.4 Further, under these conditions, 
$co  is reduced to about 0.04, essentially the same 
as found here in the presence of oxygen. Thus the 
effect of oxygen with regard to its effect on the pri­
mary processes in acetore photolysis is completely 
analogous to that of biacetyl, both of which effi­
ciently degrade triplet state acetone molecules with­
out chemical reaction.

(7) G, B. Porter and B. T. Connelly, J. Chem. Phys., 33, 81 (1960).
(8) G. W. Luckey and W. A. Noyes, Jr., ibid., 19, 227 (1951).
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It is well known that CsCl undergoes a crystal­
lographic transition from a bcc form to an fee form. 
Values reported for the transition temperature 
vary, because there appears to be some hysteresis 
in the transition, but a recent careful investiga­
tion1 places the transit.on in the region of 465- 
472°.

The transition from a solid to a liquid is ac­
companied by a rapid increase in the concentration 
of vacancies in the lattice as the melting point 
is approached.2 Menary, Ubbelohde and Wood­
ward3 have made X-ray measurements on CsCl 
in the region of the crystallographic transition 
and their results indicate that a similar excess

(1) L. J. Wood, W. Secunda ard C. H. McBride, J. Am. Chem. Soc., 
80, 307 (1958).

(2) See for example, A. B. Lidiard, "Handbuch der Physik,”  Yol. 20, 
part 2, 1957, p. 246.

(3) J. W. Menary, A. R. Ubbelohde and I. Woodward, Proc. Roy. 
Soc. (London), A208, 158 (1951)
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Fig. 1.— The counting rate, R, as a function of tempera­
ture: Aj specimen A— heating; O, specimen B— heating; 
•, specimen B— cooling.

Fig. 2.—-Variation of conductivity with temperature for the 
single crystal of CsCl.

concentration of vacancies is formed. However, 
conductivity measurements4-5 designed to test this 
gave somewhat ambiguous results; there was evi-

dence that the conduction was mainly electronic 
in nature and so significant changes in the ionic 
conductivity were unlikely to be observed experi­
mentally. In other work, Lantelme and Pauly6 
have shown that, when crystals of CsCl were ir­
radiated with; neutrons at room temperature 
and subsequently heated, an enhanced release of 
36S from the lattice occurred at approximately 
480°. This observation might be interpreted as 
indicating the presence of a high concentration of 
lattice vacancies at the transition point.

We now have investigated ionic motion in the 
transition region directly by measuring self­
diffusion of the chloride ion in CsCl and by measur­
ing the conductivity of a single crystal. The 
results show that the transition occurs without 
the formation of an excess concentration of lattice 
vacancies.

Experimental
Diffusion.— The apparatus and technique of measurement 

of chloride ion diffusion by isotopic exchange have been de­
scribed previously.7-8 The radioactive chlorine, MC1, was 
obtained in the form of Cs^Cl with a specific activity of 20 
juc./g. Crystals (1 to 2 mm. in length) were grown slowly 
from a concentrated solution of CsCl at 60°, filtered 
under an atmosphere of dry nitrogen and dried in vacuo. 
An X-ray examination of the crystals did not reveal any of 
the fee form. Two crystal specimens were used; specimen A 
was a sample of the undiluted Cs36Cl while specimen B was 
diluted with “ Specpure”  CsCl to give a final specific activity 
of 4 mc ./g .

Conductivity.— A single crystal of CsCl, large enough (5 X 
5 X 2  mm.) for conductance measurements, was grown 
slowly from a concentrated solution of CsCl in w'ater con­
taining a small quantity of urea.9 Carbon electrodes were 
painted on a polished slice of the crystal which then was 
clamped between platinum electrodes. The crystal was 
maintained in a dry nitrogen atmosphere. The resistance 
of the specimen was measured over the temperature range 
280-470° with a Philips PR 9500 a.c. conductivity bridge. 
The temperature of the specimen was measured by a Pt— Pt 
+  13% Rh thermocouple.

Results
Diffusion.—Diffusion rates were measured for both 

specimens at four temperatures between 260 and 
430°. Plots of R2 (R =  counting rate in the gas 
phase) against time were accurately linear, showing 
that the kinetics of simple bulk diffusion were being 
obeyed. However, plots of the logarithm of the 
diffusion rate against the reciprocal of the absolute 
temperature were slightly curved, indicating a 
variation in the apparent activation energy from
1.3 e.v. at 270° to 1.0 e.v. at 400°. The magnitude 
of these activation energies is closely similar to 
that found in other measurements on the cesium 
halides (CI~ in polycrystalline CsCl,10 Br-  in 
C sB rand l-in  Csl).11

The temperature of the specimens then was in­
creased to 487° at a uniform rate of 25°/hr. and 
the count rate in the gas phase recorded at 3 min.

(4) W. W. Harpur, R. L. Moss and A. R. Ubbelohde, Proc. Roy. 
Soc. (London), A 2 32, 196^(1955).

(5) W. W. Harpur and A. R. Ubbelohde, ibid., A 2 32, 310 (1955).
(6) F. Lantelme and J. Pauly, Compt. rend., 249, 677 (1959).
(7) D. Patterson, G. S. Rose and J. A. Morrison, Phil. Mag., 1, 

393 (1956).
(8) L. G. Harrison, J. A. Morrison and R. Rudham, Trans. Faraday 

Soc., 54, 106 (1958).
(9) P. Avakian and A. Smakula, J. Appl. Pkys., 31, 1720 (1960).
(10) J. P. Laurent and J. Bénard, J. Phys. and Chem. Solids, 3, 7 

(1957).
i'll) D. W. Lynch, Phys. Rev., 118, 468 (1960).
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intervals. The results are shown in Fig. 1. Above 
470° the rate of change of the counting rate with 
temperature decreases steadily, which is consistent 
with a smooth change to the lower diffusion rate in 
the fee form.10 The curves indicate that the 
transformation is complete at 480°, but this is 
necessarily an overestimate oecause the time for 
complete mixing of the gas in the apparatus was 
about 10 min.8

Some further measurements were made of the 
count rate during the cooling of sample B. The 
specimen had been maintained at approximately 
545° for 1 hr. and then was cooled at the rate of 
40°/hr. The counting rate in the gas phase was 
recorded at 3-min. intervals over the temperature 
range 480 to 430°. These results also are shown 
in Fig. 1; there is a small but significant increase 
in the count rate in the region of 440°. Since the 
specimen had been at a higher temperature for 
an appreciable time, the increase in R upon cooling 
cannot be accounted for by diffusion. The prob­
able cause is an increase in the surface area of the 
specimen brought about by some fragmentation 
of the crystals during the transformation from the 
fee to the bee form.

Conductivity.—The results of the two con­
ductivity runs on the single crystal of CsCl are 
shown graphically in Fig. 2 as a plot of log a 
against l/T  (for the sake cf clarity some of the 
results have been omitted from this graph). The 
log a vs. l/T  plot is linear up to 467° in one case 
and to 462° in the other. Above these tempera­
tures log a- decreases smoothly. The apparent ac­
tivation energy, obtained from the linear portion 
of the graph, is 1.22 e.v. and the conductivity in 
this region can be represented by

a =  2.3 X  104 exp( —  1.22/kT)

Discussion
The magnitude of the conductivity of the single 

crystal of CsCl is very close to the values reported 
for the conductivity of CsBr and Csl11 (Table I ) .

T a b l e  I
C o n d u c t a n c e  P a r a m e t e r s  f o r  CsCl, CsBr a n d  Csl

Material Temp, range, °C.
CO.

ohm cm.
A,

e.v.

CsBr" Impurity region—475 2.51 X 104 1.285
Csl11 Impurity region— 480 1.38 X  104 1.25
CsCl 280-470 2.3 X  104 1.22

Lynch11 already has shown, from a comparison 
of the self-diffusion and the conductivity in CsBr 
and Csl, that these salts are essentially ionic 
conductors, the anion being the more mobile 
species. The magnitude of the conductivity of CsCl 
compared to that of CsBr and Csl and the agreement 
between our values for the activation energies 
for conduction and for chloride ion diffusion would 
indicate that CsCl is also predominantly an ionic 
conductor.

The absence of any enhanced diffusion in the 
pretransition region shows clearly that the transi­
tion from the bcc form to the fee form occurs with­
out the formation of a large excess of lattice vacan­
cies. It seems probable, therefore, that the trans­
formation does not involve an extensive disruption

of the lattice but rather a simple change such as 
dilatation, as has been suggested by Buerger.12 
This being so, the observation of Lantelme and 
Pauly6 has to be attributed to some other cause, 
possibly to the release of radiation damage.

Acknowledgment.—We wish to thank Dr. J. 
Trotter for the X-ray analysis.

( 1 2 )  M .  J .  B u e r g e r ,  “ P h a s e  T r a n s f o r m a t i o n s  i n  S o l i d s , ”  J o h n  

W i l e y  a n d  S o n s ,  I n c . ,  N e w  Y o r k ,  N  Y . ,  1 9 5 1 ,  p .  1 8 3 .
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There is no convincing explanation for the 
mechanism of the stabilizing or antifoggant action 
of organic stabilizers on photographic emulsion.1-3 
Matthies and Wendt suggest that the compounds 
which form soluble silver salts in the same range as 
or less than silver halide have stabilizing action. 
Carroll and Hubbard suggest that the stabilization 
is caused by the adsorption of stabilizers on silver 
halide.

In this work, the authors have studied the ad­
sorption state of some photographic stabilizers on 
silver bromide by comparing the infrared spectra of 
stabilizers adsorbed on silver bromide with those of 
the stabilizers, the silver salts of the stabilizers, 
and the sodium salts of the stabilizers in an aqueous 
solution, and it was found that the adsorption 
state of the stabilizers on silver bromide was the 
same as or similar to tha: of the silver salt of the 
stabilizers.

The stabilizers used were 2-mercaptobenzothia- 
zole (I), 2-mercaptobenz exazole (II), l-phenyl-5- 
mercaptotet.razole (III), oenztriazole (IV) and 5- 
methyl-7-hydroxy-2,3,4,7s-tetrazaindeiie (V).

The infrared spectra of the stabilizer and those 
of the silver salts, which were precipitated from 
solutions of silver nitrate and the stabilizers without 
controlling the pH, were measured as an AgBr 
disk; those of the aqueous solution of the sodium 
salts of the stabilizers we.'e measured between two 
KRS-5 plates; and those of the stabilizers adsorbed 
on silver bromide were measured as a disk with 
silver bromide adsorbent at several points on the 
adsorption isotherm curve determined previously. 
The adsorption isotherms of the stabilizers on silver 
bromide were obtained from colorimetric measure­
ments4 using ultraviolet absorption of the stabili­
zers at pH 5. The solutions of stabilizers employed 
for adsorption measurements contained several per 
cent, methanol or ethancl, and 10-3 M  potassium 
bromide, which decreases the solubility of silver 
bromide adsorbent. The solutions did not contain

( 1 )  C .  E .  K .  M e e s ,  “ T h e  T h e o r y  o f  t h e  P h o t o g r a p h i c  P r o c e s s , ”  

R e v .  E d . ,  T h e  M a c m i l l a n  C o . ,  N e w  Y o r k ,  N .  Y . ,  1 9 5 4 ,  p .  6 6 7 .

( 2 )  S .  K i k u c h i ,  R .  N i s h i m u r a *  S .  F u k u s h i m a  a n d  S .  F u j i s a w a ,  

“ K a g a k u  S h a s h i n  B i n r a n , ”  V o i .  I I .  M a r u z e n ,  T o k y o ,  1 9 5 9 ,  p .  4 2 .

( 3 )  E .  J .  B i r r ,  Z. wiss. Phot., 4®, 1 0 3  ( 1 9 5 3 ) ;  49, [ I ]  2 6 1  ( 1 9 5 4 ) ;  

50, [ I ]  1 0 7 ,  1 2 4  ( 1 9 5 5 ) .

( 4 )  Cf. e.g., Y . K o s e k i ,  Bull. So>̂ . Set. Phot. Japan, 6, 1 ( 1 9 5 6 ) .
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Fig. 1.—Infrared spectra of 2-mercaptobenzothiazole (sta­
bilizer I) in various states.

CO
CD

Fig. 2.— Adsorption isotherm of 2-mercaptobenzothiazole on 
silver bromide.

buffer solution for adjustment of the pH. The 
noticeable change in the ultraviolet absorption of 
the stabilizers before and after adsorption was not 
observed. The specific surface of the silver bromide 
adsorbent was determined by using 3,3'-diethyl-9- 
methyl-thiacarbo cyanine dye. The adsorption 
ratio, Q, was calculated from the dimension of the 
stabilizer molecules and the specific surface of the 
silver bromide adsorbent. There was no difference 
between the infrared spectrum of the dye adsorbed 
on silver bromide and that of the dye (as a silver 
bromide disk). This fact shows that the force of 
the adsorption between cyanine dye and silver bro­
mide is not of the nature of the covalent bond

The curves a, b, c, d and e in Fig. 1 show the in­
frared spectra of stabilizer I in various states. 
Figure 2 show's the adsorption isotherm of stabilizer 
I on silver bromide. The curves of c and d in Fig. 
1 are the infrared spectra of the adsorbed stabilizer 
at c and d on the adsorption isotherm in Fig. 2.

Making a comparison between a and b spectra in 
Fig. 1, we see marked differences between the in­
frared spectrum of stabilizer I and that of the 
silver salt of stabilizer I. The rNfI and amide II

bands, etc., of the stabilizer disappear and some 
characteristic bands of silver salt are observed at 
1393, 1280, 1000 cm.-1, etc. It is seen from the 
b, c, d and e spectra in Fig. 1 that the spectrum of 
the silver salt is equal to that of the stabilizer in the 
adsorption state and that of an aqueous solution of 
the sodium salt of the stabilizer (negative ion of 
stabilizer). It is very interesting that the spectrum 
of adsorbed stabilizer I at 6 ~ 1/2 is the same as 
that at 6 «  7.

From the above experimental results, it may be 
concluded that stabilizer I is adsorbed on silver 
bromide as a silver salt in both low and high adsorp­
tion ratios and that the state of the adsorbed sta­
bilizer is the same as that of the negative ion of the 
stabilizer. These results suggest that the silver 
salt of stabilizer I is in an ionic crystal state and 
that stabilizer I reacts with silver bromide crystals 
and forms a silver salt ionic crystal on the surface of 
the silver bromide. The band at 2902 cm.-1 is 
assigned to methanol adsorbed on silver bromide. 
This band cannot be found in higher adsorption 
ratios (Fig. Id). This fact indicates that the 
stabilizer is adsorbed more firmly than methanol in 
silver bromide.

Though the situation of stabilizer I described 
above also was observed for stabilizers II and III, 
the infrared spectra of stabilizers IV and V adsorbed 
on silver bromide were somewhat different from 
those of the silver salts or aqueous solutions of the 
sodium salts. As the difference is minor, it may be 
stated that these photographic stabilizers exist on 
silver bromide as silver salts of the stabilizers, al­
though these stabilizers were not adsorbed more 
than 0 = 1 .

On the mechanism of the stabilizing action of 
stabilizers on photographic emulsion, we consider 
for the present that the negative ion of the stabilizer 
adsorbed in incomplete regions on the silver bro­
mide surface by exchange reaction with bromide ion 
exerts a stabilizing, or antifoggant action by re­
tarding the growth of fog nuclei or reducing the 
rate of development.

PROTON N.M.R. SPECTROSCOPY. XIV.
ACCURATE MEASUREMENT OF THE 

SPECTRAL POSITION OF THE FORMYL 
PEAK OF p-ANISALDEHYDE, USEFUL FOR 

CHECKING THE CALIBRATION OF
N.M.R. SPECTROMETERS

B y  G e o r g e  V. D .  T i e r s  a n d  D o n a l d  R. H o t c h k is s

Contribution No. 818 from the Central Research Dept, of the Minnesota 
Mining and Manufacturing Co., St. Paul, 19, Minn.

Received September 18, 1961

A persistent problem in high-resolution n.m.r. 
spectroscopy has been the accuracy of shielding 
value (“ chemical-shift” ) measurements. Com­
mercial spectrometers1 as supplied are inadequately 
calibrated, since the dial readings of the audio­
oscillator which is used for precision determination 
of spectral position2’3 are well known to be rather

(1) For example the V-4300-B (40 Mc./sec.) and the HR-60 160 
Mc./sec.) spectrometers available from Varian Associates, Inc., Palo 
A lto , C a lif.
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inaccurate. Virtually all owners of these instru­
ments recognize this problem, and most have solved 
it by installation of a precision frequency counter.4 
With this addition these n.m.r. instruments truly 
become spectrometers, reproducibility of measure­
ment between different laboratories being ±0.001 
p.p.m., or one part in 104 of the peak separation 
studied.6

The recent introduction of the remarkable Varian 
A-60 spectrometer, which combines convenience of 
operation with very high resolution,6 has prompted 
a reconsideration of the question of spectrometer 
accuracy, since the calibration of this instrument is 
dependent on the accuracy of certain potentiom­
eters. There is no method for internal calibra­
tion, though provision has been made for intro­
duction of sidebands if one should have an audio­
oscillator (which of course must be monitored by a 
frequency counter). It seems likely that most 
owners will not provide this accessory equipment. 
Inasmuch as the manufacturer does not claim ini­
tial accuracy better than ±0.02 p.p.m., there is a 
reasonable chance that, with use, these instruments 
may develop yet more serious errors in spectral 
position measurement despite excellent resolution 
and general performance. Accordingly it should 
be regarded as rather important to check, occasion­
ally, the calibration of all A-60 spectrometers.

For this purpose we recommend the formyl peak 
of p-anisaldehyde, which is at the extreme low-field 
end of the normal proton spectrum, +0.1970 r 
(±0.0005). The large separation, nearly ten
р. p.m., between this peak and that of the internal 
reference, tetramethylsilane, is desirable from the 
standpoint of magnifying percentage errors; how­
ever this is also a shortcoming in that the usual 
spectrum produced by the A-60 spectrometer does 
not include peaks below +1.67 r, making it neces­
sary to use the “ spectrum-offset”  device to bring 
the formyl peak on scale. The low -¡--value is not a 
serious limitation, however, since this offset feature 
is required whenever a region of the spectrum is to 
be expanded for more detailed investigation; there­
fore this unit also should be checked for accuracy. 
The methoxyl peak, at 6.139 ±  0.002 r, may be 
used as a test of linearity, and the aromatic peaks 
provide a convenient visual estimate of performance. 
A better test of resolution is seen in the formyl peak 
itself, which is a closely-spaced triplet having J =

(2) J. T. Arnold and M. T. Packard, J. Chem. Phys., 19, 1608 
(1951).

(3) G. V. D. Tiers, J. Phys. Chem. 62, 1151 (1958).
(4) For example, the 522-B counter, manufactured by the Hewlett- 

Packard Co., Palo Alto, Calif.; any counter giving precision to ±0.1
с. /sec. is equivalent.

(5) A cooperative study was carried out for the NM R Subcommit­
tee of A.S.T.M. Committee E-13 on Absorption Spectroscopy by the 
authors together with the following (among others). At 40 Me./sec.: 
P. C. Lauterbur, Mellon Institute; C. A. Reilly, Shell Development 
Co.; C. M. Huggins, General Electric Research Lab.; R. E. Glick, 
Pennsylvania State Univ.; D. P. Ames, Monsanto Chemical Co. 
At 60 Mc./see.: A. A. Botkner-By and B. L. Shapiro, Mellon In­
stitute; J. N. Shoolery and L. F. Johnson, Varian Associates; E. D. 
Becker, Natl. Inst, of Health; K. J. Palmer, U.S.D.A. Western Util. 
Research Div.; N. F. Chamberlain, Humble Oil Co.; M. T. Rogers, 
Michigan State Univ. All of the above workers reported final re­
sults for the r-value of the formyl peak of -p-anisaldehyde (at 4.0% 
concn. by volume in CCh) within ±0.001 p.p.m. of the “ best averaged 
value'’ obtained in our measurements.

(6) G. V. D. Tiers, J. Phys. Chem., 65, 1916 (1961).

0.57 ±  0.03 c./sec.7 However, for numerical 
evaluation of resolution, line widths at half-height 
are preferable.6

Experimental
The n.m.r. equipment and techniques have been de­

scribed in detail.3 The p-anisaldehyde, from the Eastman 
Kodak Co., was distilled before use to remove oxidation prod­
ucts; a 4.0%  (by volume) solution of it was made in 
“ spectra grade”  carbon tet-acliloride (Matheson Coleman 
& Bell) which already contained 1.0% (by volume) of 
tetramethylsilane (Anderson Laboratories, Division of the 
Stauffer Chemical Co.). S xteen n.m.r. tubes were filled 
with this solution; each tube then was sealed after having 
been purged with a fine straann of oxygen-free nitrogen to 
sweep out dissolved oxygen. Sample tubes so prepared have 
remained unchanged for a period of two years. Caution: 
These n.m.r. tubes should not be exposed to a high level of 
illumination over a long period of time. One of the tubes, in 
bright light for several weeks, was found by n.m.r. analysis 
to contain some chloroform and ¡»-anisyl chloride, formed by 
the free-radical reaction

hv
Ar-CHO +  CC1, — Ar-COCl +  CHCh

A very large number of n.m.r. measurements were made, 
12 separate determinations being made on each of the 16 
tubes. It thus was possible to reduce the standard deviation 
in the averaged value to ±0.0005 p.p.m. even though the 
standard deviation for a single determination, namely 
±0.007 p.p.m., was much higher. The fundamental ac­
curacy of this procedure is indicated by the remarkably 
good agreement, within ±1.001 p.p.m., of our averaged 
value at 25.0°, 0.1970 r, ±  0.0005, with final results from 
each of several other careful workers6; in most cases their 
standard deviations for a single measurement were appreci­
ably smaller than ours.

A further series of 26 measurements was made at +77°, 
the Varian variable-temperature apparatus and probe 
modification being employed, and the formyl peak was 
found to have shifted very slightly, to +0.181 t, ±0.003. 
From this observation the temperature coefficient of the 
r-value for the formyl peak (assumed constant over the 
temperature range studied) was evaluated as —0.0003 p.p.m. 
per degree temperature rise. This correction was applied to 
certain results obtained6 at slightly different temperatures.

(7) First observed by C. A. Reilly at the Shell Development Co.
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B y D o n ald  R. Scot" 1 an d  J ean  B. A l l is o n 1
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We have compiled in the accompanying Table I a 
series of solvent systems which are particularly 
useful for electronic emission spectral studies at 
liquid nitrogen temperature, 77 °K. All of these 
systems form transparent, rigid glasses at that 
temperature when proper precautions are taken to 
ensure that all components are anhydrous and of 
high purity.2 Many cf these glasses have been 
employed in this Laboratory and in others for 
several years for low temperature electronic spec­
tral studies. However, several of the systems are 
known to be original with this Laboratory. Several 
of the more unusual systems are useful when one 
wishes to study a compound which has a limited 
solubility in the usual hydrocarbon or hydroxvlic

(1) Robert A. Welch Foundation Pre-doctoral Fellow.
(2) W. J. Potts, Jr., J. Chem. Phys., 21, 191 (1953).
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glasses. To our knowledge no other compilation of 
this nature has appeared in the literature.

We wish to thank Dr. R. S. Becker for helpful 
suggestions and the use of the facilities of the Spec­
troscopy Laboratory.

T a b l e  I
Low T e m p e r a t u r e  R ig id  G lass  System s

Composition
System (vol. : vol.)

Hydrocarbons
3-Methylpentane
Isopentane : methyleyclohexane 1:4
Pentene-2 («s)-pentene-2 (.transf

Alcohols
Methanol : ethanol3 1:4
Ethanol6
Isopropyl alcohol6
1-Propanol6
1-Butanol6

Ethers
n-Butyl ether: isopropyl ether: diethyl ether 3:5 :12 
2-Methyltetrahydrofuran

Alcohols: Ethers
Ethanol: diethyl ether 1:1
Propanol:diethyl ether 2:5
Butanol: diethyl ether 2:5

Alcohol: Ether: Hydrocarbon 
Ethanol: isopentane: diethyl ether 2 :5 :5
Isopropyl alcohol: isopentane: diethyl ether 2 :5 :5

Hydrocarbons: Ethers
Diethyl ether: isopentane 1:1
Diethyl ether:pentene-2 (eis)-pentene-2 (irons)' 2:1

Miscellaneous
Diethyl ether: ethanol: toluene 2:1 :1
Diethyl ether: isopentane: ethanol: dimethyl-

formamide 12:10:6:1
Diethyl ether: isopentane: ethanol: 1-chloro- 

naphthalene 8: C: 2:2
Diethyl ether: isopentane: ethanol: pyridine 12:10:6:1
Diethyl ether: isopentane: triethylaminc 5 :5 :2
Isopentane: inethylcyclopentane uncthylcy do- 

hexane: ethyl bromide 7 :7 :4 :1
“ This glass is particularly stable for an all alcohol system. 

b If cooled slowly, these glasses can be used. They are un­
stable and crack easily. c Mixed cos- and iraws-pent.ene-2 
available from Phillips Petroleum Co., Special Products 
Division, Bartlesville, Oklahoma.

ULTRAVIOLET ABSORPTION SPECTRA OF 
o-, to-, AND p-NITROBENZOIC ACIDS

B y  A sish  K u m a r  C h an d ra

Department of Chemistry, University College of Science and Technology, 
Calcutta 9, India
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Introduction of a substituent group for hydrogen 
in a benzene nucleus long has been known to cause 
shifts in the spectrum of the original benzene deriva­
tive to longer wave lengths. The near-ultraviolet 
absorption spectra of some mono-substituted 
benzenes containing nitro, carbonyl and carboxyl 
groups as substituents have been interpreted by

Nagakura and Tanaka1 in terms of the intramo­
lecular charge-transfer involving an excitation of a 
bonding electron of the highest occupied energy 
level of benzene to the vacant energy level of the 
substituent group.

In this note an attempt has been made to in­
vestigate the absorption spectra of 0-, to- and p- 
nitrobenzoic acids and to explain them according 
to the concept of intramo’ ocular charge-transfer 
absorption.

Experimental
The near-ultraviolet absorption spectra of benzoic acid 

and nitrobenzoic acids were measured in water on a Beck­
man spectrophotometer Model DU using 1-cm. silica cells 
at room temperature (27°). In Fig. 1 are shown the ab­
sorption curves of benzoic acid and the nitrobenzoic acids. 
The results are recorded in Table I, where intensities and 
positions of the maximum absorption bands of 0-, m- and 
p-nitrobenzoic acids are expressed as the logarithm of the 
molar extinction coefficients and as e.v. units, respectively. 
The materials used were all B .D .H . reagents. They were 
recrystallized repeatedly from ethanol and water until they 
gave constant melting points in agreement with those listed 
in the literature.

Theoretical Consideration by the Use of Energy 
Level Diagrams.—In order to explain the maximum 
absorption bands of 0 -, to- and p-nitrobenzoic acids 
from the concept of intramolecular charge-transfer 
involving excitation of a bonding electron from the 
highest occupied orbital of nitrobenzene to the 
vacant orbital of the carboxyl group, it is necessary to 
obtain the molecular energy level diagrams of the 
nitrobenzene and the substituent carboxyl group. 
These diagrams are determined on the basis of ex­
perimental results of the ionization potential and 
the electronic absorption spectrum. The energies 
of the highest and lower occupied orbitals of nitro­
benzene were determined by Nagakura, et al.2 The 
lowest vacant orbital of nitrobenzene could be esti­
mated by adding the excitation energy to the high­
est occupied orbital. The vacant energy level of 
the carboxyl group is estimated at —4.67 e.v.2 
Since the lowest vacant orbital of nitrobenzene, i.e., 
Vn and that of the carboxyl group, i.e., Fco2h are 
nearly degenerate, as is evident in Fig. 2, there will 
be strong interactions between these two levels; as a 
result the first vacant orbital of nitrobenzoic acid 
will be depressed considerably. In this paper we 
shall attempt to explain the ultraviolet absorption 
spectra of nitrobenzoic acids by considering the in­
teraction of the occupied orbital Hm and the orbital 
Un of nitrobenzene with the orbital Fco2h of the 
carboxyl group. The highest occupied orbital Wi of 
nitrobenzoic acid obtained from the interaction of 
Hn1 with UcojH level is given by

III = 2 [Rm +  UcOzH +  | (ff„, — Tcozu)2 +
4CUCCom5/32| V»] (1)

while the lowest vacant orbital TIL obtained from 
the interaction of Fn with Fco2h is given as

Its =  9 [Fn +  UcOzH +  K F n — F cozh)2 +

4CYC'coirs0TA] (2)
where Hm, F n and Fco2h are equal to the energies 
of the highest occupied and lowest vacant orbitals

(1) S. Nagakura and «1. Tanaka, J. Chem. Phys., 22, 236 (1954).
(2) S. Nagakura, J. Tanaka and M. Kobayashi, ibid., 24, 311

( 1 9 5 6 ) .
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*  (?Tl f l )

Fig. 1.— Near ultraviolet absorption spectra of nitrobenzoic 
acids and benzoic acids (solvent, water).
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Vh-4-54
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Acid) Acid) Acid)

Fig. 2.— Energy level diagrams of nitrobenzene and nitro­
benzoic acids.

of nitrobenzene and the lowest vacant orbital of 
the carboxyl group. The Cx and C2 are the coeffi­
cients of the atomic orbital of a carbon atom to 
which the substituent is attached in the molecular 
orbitals / I ni and Fn of nitrobenzene, while the 
CcosH is the coefficient of the atomic orbital of the 
carbon atom in the molecular orbital F co2h- The 
(3 is the resonance integral of the C -C  bond joining 
the two conjugated systems. The value of ¡3 is 
taken as —3 e.v. The excitation from TFi to W 2 
gives rise to the near-ultraviolet absorption spectra 
of the nitrobenzoic acids.

As is well known the degeneracy of the highest 
occupied orbital of benzene is removed by the per­
turbation of a substituent and therefore for the

nitrobenzene we expect the existence of two cor­
responding occupied orbhals Hni and f7n2. Since 
F c o 2h  can interact with both the levels Hu, and 
HU2 , for o- and m-nitrobenzoic acids we should ex­
pect two absorption bands at longer wave lengths. 
On substituting the carboxyl group in the para- 
position of nitrobenzene, i  transition of a bonding 
electron from the H P2 level to the lowest vacant 
orbital Fp can be predicted to show an intense 
band, while the Hn, level of nitrobenzene remains 
unaffected (Fig. 2). Simp .e quantitative considera­
tions were made using equations 1 and 2. The cal­
culated results3 are shown in Table I together with 
the experimental ones.

T a b l e  I

C alculated  and  Observed  Spectra of N itrobenzoic  
A cids ( in  W ater)

Calcd. 
spectra, e.v.

Obsd.
spectra, e.v. log £

o-Nitrobenzoic acid 4 .3 7 4 .5 9 3 .7 2
4 .7 2

7/i-Nitrobenzoic acid 4 .9 4 4 .6 7 3 .9 5
5 .3 0 5 .7 9 4 .3 8

p-Nitrobenzoic acid 4 80 4 .4 6 3 .9 2

Discussion
Table I shows that the agreement is not very satis­

factory in view of the simplicity of the theoretical 
treatment. Nevertheless, the observed differences 
in the spectra of the nitro jenzoic acids are qualita­
tively explained. It wouid be interesting to see if 
the absorption spectra of the nitrobenzoic acids 
could be explained in terms of the intramolecular 
charge transfer from benzoic acid to the vacant or­
bital of the nitro group. Since molecular energy 
level diagrams of benzoic acid are not known, this 
calculation cannot be undertaken. Moreover, it is 
desired that in the more exact theoretical treat­
ment we should consider all possible configurations 
representing the charge-transfer and mix them.

Ori/io-substituted benzene usually shows a spec­
trum resembling that of a -neia-substituted benzene, 
but the behavior of o-nitrobenzoic acid is somewhat 
different from that of ra-ni;robenzoic acid and shows 
a little broad spectrum with only one band at 268 
niyu. This difference may be attributed to steric 
hindrance by the adjacent large nitro and carboxyl 
groups. This steric hindrance may interfere with 
the coplanar arrangement of the two substituent 
groups with the benzene nucleus. The p-nitro- 
benzoic acid shows only one strong charge transfer 
band while the transition H p  —► Fp at 3.5 e.v. is not 
observed, although this is an allowed in-plane tran­
sition. Similar transition ..n many other para-disub- 
stituted benzenes4 is not c bserved.

The weak shoulders of the nitrobenzoic acids at 
335 m,u cannot be unequivocally accounted for. 
It may be suggested from the comparison of the

(3) The coefficients of atomic oibitals in the molecular orbitals of 
nitrobenzene are determined by the standard LCAO method with the 
same parameters used in ref. 2. To determine the coefficients of 
atomic orbitals in the molecular crbitals of the carboxyl group the 
following parameters were chosen, e.g.: Coulomb integral ao = ac +  
20; a (carbon attached to oxyge i) = ac +  0.1/5 and 0co =  ->¡20 
where 0 is the C-C  resonance integral.

(4) S. Nagakura and J. Tanaka, J. Chem. Phys., 2 4 ,  1274 (1956).
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intensities that they correspond either to the 270 
m,u band of benzoic acid or to the 290 m/u6 band of 
nitrobenzene.

(5) A ^Venze), J. Chem. Phys., 22, 1623 (1954).

RECOIL-FREE y-RAY TRANSITION OF Fe87 
IN THE BLOOD COMPONENT HEM1N

B y  U lrich  G o n se r

Atomics International, Division of North American Aviation, Inc.,
Canoga Park, California
Received October 5, 1961

Mossbauer1 has shown that the nuclear recoil 
of an atom emitting or absorbing a y-ray may be 
absent when the decaying or absorbing atom is 
bound in a crystal. The recoil energy of a free 
atom, ¿Jr (atom), is given in good approximation by

W o r n )  =  £ %  (1)

where Ey is the energy of the nuclear transition, 
m the mass of the nucleus and c the velocity of 
light. If the emitting atom is bound in a crystal 
and ER(atom) is comparatively small relative to 
the Debye energy, hue, where m is the limiting 
frequency of the Debye spectrum, a finite prob­
ability exists that the entire crystal takes up the 
recoil momentum resulting in a negligible energy 
loss by the y-ray. The fraction of recoil free 
events is proportional to the familiar Debye- 
Waller factor.

Fig. 1.— Spectrum of the 14.4 kev. y-ray, produced by 
the decay of Co5' diffused into copper metal and a hemin 
absorber kept at liquid nitrogen temperature.

The class of materials available for Mossbauer 
experiments can be extended to organic molecules 
which contain the atom undergoing the nuclear 
transition. In order to calculate the fraction of 
recoil free events for this case, one has not only to 
consider the Debye frequencies of the organic 
crystal but also the fundamental vibrational 
frequencies, u[. of the emitting atom in the mole­
cule. To get an appreciable Mossbauer effect,

(1) R. L. Mossbauer, Z. Physik, 151, 124 (1958).

%co( should be large compared to Eh/atom) and 
hue large compared to l?R,(molecule). The am­
bient temperature should be low compared to the 
Debye temperature of the organic crystal and also 
low enough that the fundamental vibrational 
modes are not thermally excited. In such a crystal, 
the Debye-Waller factor consists of a term which 
accounts for the Debye frequencies and another 
term which accounts for the fundamental vibrational 
modes of the molecule. If the molecule is very 
large and the recoil momentum is taken up by the 
whole molecule, (molecule) in eq. 1 becomes very 
small and can become of the order of the natural 
line width. In this case a large molecule contain­
ing the atom undergoing the transition does not 
have to be part of a solid crystal. A Mossbauer 
effect might be expected even from a large molecule 
in a liquid. A broadening may occur due to con­
vection and Brownian movement (first-order 
Doppler effect).

An investigation was started to search for the 
recoil-free y-transition of Fe87 in blood and in 
blood components. The red cells of blood consist 
of 32% hemoglobin with the empirical formula 
[C738Hii66O208N203S2Fe]4. Hydrolysis of hemoglobin 
cleaves the molecule into two fragments: heme, 
which contains the Fe-atom, and the protein 
globin. Hemin is the chloride form of heme.2 
The iron is bound to four nitrogen atoms by 
either primary valences or coordinated links. 
The nitrogen atoms form a plane. The out-of­
plane fundamental frequency probably is dif­
ferent from the in-plane frequency. Therefore, 
using a single crystal of hemin, a directionally de­
pendent Mossbauer effect can be expected.

The recoil energy for a free iron atom, for a rigid 
hemin molecule, for a hemoglobin molecule and 
for one red cell emitting or absorbing a 14.4 Kev. 
y-ray is according to eq. 1

F R(Fe): 2 X 1CU3 c.v.
ZiR(hemin molecule): 2 X 10-4 e.v.
F R(hemoglobin molecule): 2 X 10~6 e.v.
•Eitfone red cell): 10-14 e.v.

These values have to be compared with the 
natural line width of the 14.4 kev. y-transition 
of Fe87 which is T =  5 X 10~9 e.v. The natural 
line width is smaller than Ur (hemoglobin) but 
wide compared to -Eh/red cell).

A source of Co57 diffused in Cu was used. The 
absorber consisted of 135 mg. hemin/cm.2 held 
between thin aluminum foils which were mounted 
in a holder and connected to a liquid nitrogen 
cryostat.

The measured counts as a function of velocity 
of the source are shown in Figure 1. If these 
data are compared to the data for the same source 
with a stainless steel absorber, it is seen that the 
hemin curve is shifted toward the center (zero 
velocity) by a very small amount (about 0.01 
cm./sec.) and the line width is nearly twice as 
large. The isomer shift (or chemical shift), which 
is a measure of the electron density at the nucleus, 
is indicative of the chemical binding of the iron 
atom. A large isomer shift was observed in Fe2 +

(2) L. F. Fieser and M. Fieser, "Organic Chemistry,”  D. C. Heath &
Co., Boston, Mass., 2nd ed., p. 465.
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and Fe3+ compounds but the shift was very small 
in K 4Fe(CN)6-3H20  and K 3Fe(CN)6.3 One can 
assume that the iron atoms in these complexes 
and in hemin have similar electron configurations. 
A small shift may arise from a difference in the 
internal energy of source and absorber (including 
zero point energy of the oscillators in source and 
absorber). This temperature red-shift can be 
attributed to the relativistic time dilatation caused 
by the motion of the nuclei and molecules.4 The 
broadening could be an unresolved splitting due 
to the quadrupole interaction of the excited state 
of Fe67 with the electric field gradient at the Fe 
atom. The strong absorption effect indicates 
that huf as well as Hue of hemin is comparatively 
large relative to F R(Fe) and (molecule), re­
spectively.

Measurements are in progress to investigate 
the temperature dependence, the line structure 
and larger molecules such as hemoglobin. Dif­
ficulties arise from the low concentration of Fe57 
in the specimens and the competing photoeffect. 
A theoretical paper will discuss the modes of 
vibration and chemical binding of the Fe atom 
which satisfies the Mossbauer absorption curve.

It came to our attention that P. G. Reizenstein 
and T. B. Swan reported a Mossbauer effect in 
hemin and hematin (International Biophysics 
Congress, Stockholm, Sweden, July 31-August 
4,1961).

Discussions with Dr. R. E. DeWames, Dr. A. 
H. Muir and Mr. C. J. Engberg are gratefully 
acknowledged. The author is indebted to Mr. 
Engberg for designing the drive system.

(3) L. R. Walker, G. K. Wertheim and V. Jaccarino, Phys. Rev. 
Letters, 6, 98 (1961).

(4) B. D. Josephson, ibid., 4, 341 (1960).
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Recently, Wales1 has solved the differential 
equation of Fujita2 relating the boundary position 
to time for a monodispersed species in a sector 
shaped cell, when the sedimentation coefficient 
depends on both pressure and concentration. 
Equation 1 shows the original relationship2

dy*
d r

y*
1 +  cedi, [1 -  m(y* -  1)] (1)

where y* =  (r*/r0) 2, the boundary position; 6* =  
C/Co, the dilution factor; and r =  2 co2<So% the 
reduced time. The pressure and concentration 
dependence parameters are given by m and a, 
respectively.2

Equation 1 was solved1 both numerically, using 
a digital computer, and analytically. In order to

* Presented at the Metropolitan Regional Meeting, A. C. S., New 
York, N. Y., January 22, 1962.

(1) M. Wales, J. Am. Chem. Soc., 81, 4758 (1959).
(2) H. Fujita, ibid., 78, 3598 (1956).

y* -  l.
Fig. 1.—Variation of (In y*)/r with distance for various 

values of a. In all cases m =  0.5.
*

obtain the analytical solution the assumption was 
made that 0* can be approximated by the expres­
sion at a =  0, i.e.

e* = v J  1 -  rn(v, -  U) (2)
In spite of the good numerical agreement between 
the two solutions, the form of the analytical solu­
tion is cumbersome and difficult to apply to experi­
mental data.

The purpose of this communication is to present 
alternative solutions to equation 1 which show the 
variation of the slope of the line relating the loga­
rithm of the boundary position to time, i.e., the sedi­
mentation coefficient, as a power series in time or 
boundary position.

A common approach for solving differential 
equations similar to equation 1 is “ The Method 
of Taylor Series.” 3 Using this method we define 
a reduced sedimentation coefficient as a function 
of some variable x — n, as

S(x -  a) ^  =  5(a) +  +

<S"(a) (x ~ aY _|_ (3)

where S'(a) and S"(a) are the first and second 
derivatives with respect to % evaluated at the point 
a. For our purpose, we have evaluated equation 3 
using

x =  ?/*, a =  1 and x =  t, a =  0

Upon attempting to obtain the coefficients using 
the above, one invariably obtains the indeterminate 
form 0/0. However, these may be readily evalu-

(3) M. R. Spiegel, “ Applied Differential Equations,”  Prentice-Hall,
Englewood Cliffs, N. J., 1950, p. 259.
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Fig. 2.— Variation of (In ?/*)/t with distance for various 
values of m. In all cases a =  1.0.

for very small values of a, to, t and/or y*, In y* 
is approximately a linear function of t and the 
sedimentation coefficient can be obtained in the 
usual manner. However, for more exact work, 
and to investigate the effects of pressure and 
radial dilution, one of the equations developed in 
this work should be used.

V a lu e s  o f  (In y*)/r from  V a r io u s  So u rces  fo r  a — l ,
m =  0.5

'----------------------------- --------------- In y*

y* C o m p u t e r 1 W a l e s  e q . 1 O t h ~ D e s r e u x 6 E q .  4

1.0406 0.49736 0.49723 0.49992 0.49735
1.0823 .49434 .49446 .49949 .49442
1.1250 .49074 .49121 .49759 .49117
1.2132 .48326 .48414 .49669 .48373
1.3042 .47429 .47585 .49351 .47496
1.3968 .46416 .46674 .48935 .46495

( 6 )  J ,  O t h  a n d  V .  D e s r e u x ,  Bull. soc. chim. Beiges, 6 3 ,  1 3 3  ( 1 9 5 4 ) .

TRANSIENT SPECIES IN OXYGEN TAKE-UP 
BY ZINC OXIDE

B y R im a n t a s  G lem za  an d  R . J. K o k es

Department of Chemistry, The Johns Hopkins University, Baltimore 18, 
Maryland

Received October 12, 1961

ated by the use of the l’Hospital rule in the limit as 
X approaches a. In addition, one also must have 
a knowledge of 0# as a function of y%. For the 
purpose of this paper, we have used the same ap­
proximation as Wales,1 given by equation 2.

The final solutions obtained are
in y*
2aH

4(1

So0
1 +  c

m(2a +  1) —
1 + - ]  (y* -  i ) +

■)2 +  3m{m -  1)(1 + 2«)2 -  3a(m -  1)
(1 +  2a) -  4(1 +  a)((rn -  1)2(1 +  3a) +  m (l  +  a)) 

12(1 +  a)2
(V* -  l ) 2 +  . . • (4)

In y* = S0° r 
2uH 1 +  a L

1
2

1 +  2 « ) -  x

So0
1 +  012 cpH +  .

When a =  0 equation 4 reduces to the results 
of Fujita,2 except for a reversal in sign of the third 
term which is unimportant. Similarly, equation 5 
reduces to results obtained previously4.5 for the 
case where to =  0. The table given below shows 
a comparison between equation 4 and earlier equa­
tions describing the variation of the sedimentation 
coefficient when pressure and concentration effects 
are present. It will be noticed that the results 
given by equation 4 approximate the computer 
solution the closest.

Figures 1 and 2 show, graphically, the behavior 
of the sedimentation coefficient for various values 
of m. and a. It is obvious that during a run at a 
single concentration the apparent sedimentation 
coefficient is much more sensitive to to than a, 
whereas the effect of a is greater as the initial 
concentration is varied.

Finally, it can be seen from these equations that
(4) R. A. Alberty, J. Am. Chem. Soc., 76, 3733 (1954).
(5) H. Fujita, J. Chem. Phye., 23, 1084 (1956).

Adsorption rates often can be represented by the 
Elovich equation,1 a relation requiring that the 
rate decreases as the time increases. Numerous 
theories have been devised to explain this behav­
ior.1-2 With semiconductors as adsorbents, the 
formation of a boundary layer can lead to the ob­
served kinetics,3-6 an alternative explanation is that 
two types of adsorption occur at the same time and 
that one of these occurs much faster than the other.1 
On zinc oxide adsorbents it is possible that both 
mechanisms are operating during adsorption. Re­
cently, we have started an investigation on zinc 
oxide in which we have made simultaneous meas­
urements of the amounts of adsorption and its 
effects on conductivity. Results with oxygen con­
firm earlier reports4 that the rate of adsorption 
follows the Elovich equation. Since evidence for 
the existence of two types of adsorption and their 
character has been presented,4-6 it seems likely 
that for this system the simultaneous occurrence 
of two types of adsorption contributes to the gross 
features of the kinetics. In this note, we represent 
experimental support for the view that oxygen 
adsorption on zinc oxide at elevated temperatures 
is a two-step consecutive process involving as an 
intermediate an unstable surface species.

Experimental
All measurements were made on SP 500 ZnO manufactured 

by the New Jersey Zinc Company. Cylindrical pellets 
(about 2.5 cm. long and 1.0 cm. in diameter) with four 
evenly spaced platinum leads perpendicular to the cylinder 
axis were made by compressing the loose powder and the 
appropriately spaced leads in a stainless steel die at 5000 p .s .i.

(1 j For a recent review, see M. J. Low, Chem. Revs., 60, 267 (1961).
(2) H. A. Taylor and N. Thon, J. A m . Chem. Soc., 74, 4169 (1952).
(3) K. Haufie, Advances in  Catalysis, 7, 213 (1955).
(4) T. I. Barry and F. S. Stone, Proc. R oy. Soci (London) * 

A355, 124 (1960).
(5) S. R. Morrison, Advances in Catalysis. 7, 259 (1955);
(6) R. ,h Kokes, / .  Phys. Chem., 6 6 , 99 (1962).



March, 1962 N o t e s 567

The die and pellet were heated at 500° for 16 hr.; then, the 
pellet was removed and sintered in air at 800° for 16 hr. 
The sintered pill was sealed into an adsorption vessel; elec­
trical connection to the four leads was achieved via four 
vacuum-tight, metal to glass seals. Within the adsorption 
vessel, pure silver (without flux) was used as a solder.

D .c. resistance measurements were made by passing a 
known current through the outermost leads and measuring 
the voltage across the inner leads with a John Fluke #801 
potentiometric d.c. voltmeter. Current was allowed to 
flow only during measurement (for about 1 sec.); reversal of 
the direction of current flow yielded the same measured 
resistance (within 1% ). In order to obviate contact resist­
ance between the leads and the semiconductor, all voltages 
were measured potentiometricaky. Effects due to e.m .f.’s 
generated by temperature gradients and polarization were 
minimized by the method of measurement and the fact that 
all resistances are the average of measurements for each 
direction of current flow. Since the pill was ohmic for the 
range of currents used (30 to 0.02 mamp), the resistance 
reported herein is the average of several measurements and 
probably reliable to ±  1 %.

Adsorption measurements were made on a conventional 
volumetric system equipped with a Pirani gage. Oxygen 
was prepared by fractionation of the decomposition products 
of degassed potassium permanganate. The pellet of zinc 
oxide was connected to the rest of the system via a trap at 
— 78°; during evacuation the sample was protected from 
diffusion pump oil by a trap at —195°. In the typical 
initial pretreatment, the adsorption vessel and pill were 
heated for 16 hr. in air at 500°, and evacuated for 16 hr. at 
510°; after each run the sample was evacuated for 16 hr. 
at 510°. This procedure yields reproducible values of the 
resistance; for the results reported herein the resistances at 
510° after pretreatments were 37.9, 37.4, and 36.8 ohms, 
respectively.

Figure 1 shows a plot of log tr7 vs. 1 / T  (open circles) for the 
freshly evacuated pill. Results with other samples showed 
that this curve could be retraced in either direction after each 
pretreatment. After these data were obtained, a small 
amount of oxygen was admitted to the adsorption vessel at 
room temperature. Adsorption was virtually complete after 
1 hr., at which time 0.08 /A. of oxygen had been adsorbed. 
The conductivity fell, as indicated by the dotted line in Fig. 
1, and remained unchanged for 5 hr. The sample then was 
evacuated for 5 min. and still no change in conductivity 
occurred even after waiting 50 hr. Then, the sample was 
isolated from the pumps and heated to the temperatures 
indicated in Fig. 1 for 1 hr., and the conductivity was meas­
ured. After the measurement at 440°, the sample was 
cooled and the conductivity was redetermined at the several 
temperatures as shown in Fig. 1. These data show that 
oxygen put on at room temperature has a pronounced effect 
on conductivity, but after treatment at elevated tempera­
ture a change occurs in which the catalyst regains its initial 
conductivity.

Figure 2 shows the results of two repeat kinetic runs on 
the same pellet. These runs were carried out by the addi­
tion of a small amount of oxygen to the pellet at 353° in a 
constant volume system; the kinetics were followed until 
all of the gas phase oxygen had adsorbed. In agreement 
with Barry and Stone4 the kinetics follow the Elovich equa­
tion until the adsorption is 90% complete. In contrast to 
runs at room temperature, the conductivity does not fall 
to a constant value; instead, che conductivity a goes through 
a minimum. The position of the minimum corresponds 
closely to the point at which the residual pressure of oxygen 
becomes immeasurably small. After 25 hr., a returns sub­
stantially to the initial value; for example, the initial value 
in these two runs is 10.5 ±  0.1 ohms-1 and the value after 25 
hr. is 10.3 ±  0.1 ohms“ 1.

Discussion
Several investigators have postulated4“ 6 the 

existence of two types of oxygen adsorption on zinc 
oxide. On the basis of experiments on photode­
sorption and adsorption, Barry and Stone4 sug­
gested that one form was boundary layer adsorp­
tion as 0 “  ions and the other form was O”  ions

( 7 )  T h e  c o n d u c t i v i t y  cr i s  d e f i n e d  a s  1 0 0 0 / i 2  w h e r e  R i s  t h e  r e s i s t ­

a n c e  m e a s u r e d  a c r o s s  t h e  i n n e r  l e a d s ,

Fig. 1.— Dependence of conductivity <r on temperature 
with and without added oxygen: O, evacuated catalyst;
•, with 0.08 STP preadscxbed at room temperature.

TIIV'E ( hrs).
Fig. 2.— Amount of adsorption V  and conductivity cr as a 

function of time at 353° for two duplicate runs. The first 
run (open circles) was made after the initial pretreatment; 
the second run (filled circles) was made following the first 
run after 16 hr. evacuation i t  510°. cr0 is the conductivity 
of the catalyst at 353° after pretreatment.

stabilized by the migration of interstitial zinc. Re­
cently6 experimental support for this picture has 
been supplied by a study of the effect of oxygen 
chemisorption on the electron spin resonance of 
zinc oxide. These later investigations6 suggest that 
adsorption as O-  ions 'type A) predominates at 
room temperature and adsorption as stabilized 0 = 
ions (type B) predominates above 200 to 300°; 
furthermore, it was shown that type A adsorption 
has a far greater effect or. the number of conduction 
electrons than type B-adsorption.

The results in Fig. 1 and 2 can be interpreted 
in the light of the above picture with the additional 
consistent assumption tia t type B adsorption al­
ways occur via these cor secutive steps 

fast VaCbg +  e “  — >■ 0 “ s (type A) 
slow 0 “ , +  Z n ; >■ Zn + +0 ” 8 (type B) +  e~

where Zn; stands for interstitial zinc. If we re­
strict our consideration to small amounts of ad­
sorption, only type A oxygen should affect the con­
ductivity; type 6  should have a negligible effect.6'8

( 8 )  R e c e n t  w o r k  o n  t h e  d e c o m p o s i t i o n  o f  g e r m a n e  o n  g e r m a n i u m  

f i l m s  ( J .  K u r i a c o s e ,  u n p u b l i s h e d  r e s u l t s ,  r e p o r t e d  b y  H .  S .  T a y l o r ,  

Ann. Rev. Phys. C h e m 1 2 ,  1 4 7  ( 1 9 6 1 ) ) ,  s u g g e s t s  t h a t  t h e  p r e s e n c e  o f  a  

m e t a l - s e m i c o n d u c t o r  c o n t a c t  c a u s e s  a  p r o f o u n d  e f f e c t  o n  t h e  c a t a l y t i c
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The results of room temperature rate studies, 
wherein the conductivity falls to a steady value, 
suggest that the step to form type B adsorption is 
immeasurably slow, hence, only type A adsorption 
occurs at room temperature. When the catalyst 
with preadsorhed type A oxygen is heated to 
elevated temperatures, however, type A changes 
to type B oxygen and the conductivity returns to 
the initial values as shown in Fig. 1. These results 
are wholly consistent with conclusions based on 
electron spin resonance measurements.6

Results at 353° (Fig. 2) suggest that type B 
adsorption is the more stable species but that this 
occurs subsequent to type A adsorption. In the 
initial stages of adsorption, the concentration of 
the type A species increases and approaches a 
steady-state concentration; correspondingly, the 
conductivity falls and approaches a steady low 
value. Before the steady state actually is reached, 
however, the residual oxygen pressure falls to 
zero and gas phase oxygen can no longer replenish 
the type A species that is depleted by the formation 
of type B oxygen. In accord with this, the conduc­
tivity then increases and finally reaches the initial 
value after 25 hr., when all the type A oxygen has 
been converted to type B.

In conclusion, we should note that similar results 
have been obtained for a number of different samples 
of zinc oxide. In every case, catalysts pretreated 
in an oxidizing atmosphere yield the typical re­
sults reported above. The minimum in the a 
curve (Fig. 2) is sharp and readily apparent only 
because the adsorption is small and the reaction is 
carried to completion. When larger amounts of 
oxygen are admitted to the sample, a steady-state 
concentration of type A adsorption is reached, 
and the conductivity levels off to a seemingly con­
stant low value. In such runs, the conductivity 
does not increase unless the reaction is carried out 
to near completion so that the oxygen pressure 
drops to a very low value. Then, the concentra­
tion of type A oxygen falls off as it is converted to 
type B oxygen and the conductivity begins to in­
crease. Existing data suggest that for large 
amounts of adsorption the return to the initial 
value of the conductivity is not always complete.

Acknowledgment is made to the donors of the 
Petroleum Research Fund, administered by the 
American Chemical Society, for support of this 
research.
efficiency of the film even though the metal by itself (after exposure to 
germane) is inactive. Thus, the presence of inert metal electrodes 
seems to modify the catalytic (and adsorptive) properties of germanium 
semiconductors. In our interpretation of the conductivity data on 
zinc oxide, we assume that the presence of platinum leads does not 
change the qualitative features of oxygen adsorption. The fact that 
the present results confirm the conclusions of earlier studies based on 
electron spin resonance measurements6 on powders supports this as­
sumption.
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DECOMPOSITION OF 
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The thermal decomposition of [2,2,1 [bicyclohep- 
tadiene (BCH) was the subject of a study by 
Woods1 in which he observed the simultaneous 
formation of both cycloheptatriene (CHT) in a re­
arrangement reaction, and the formation of acetyl­
ene and cyclopentadiene (CPD) in a reverse Diels- 
Alder reaction. Toluene formation also was ob­
served, and was ascribed to decomposition of CHT. 
No attempt was made to evaluate rate constants 
or activation energies for the decomposition reac­
tions of BCH. Plalper, Gaertner, Swift, and Pol­
lard2 have reported a pilot plant study of these 
reactions using a continuous fed tube reactor but, 
again, the nature of the experiments did not allow 
them to evaluate the kinetic parameters. The 
possibility of heterogeneous or bimolecular reac­
tions was not considered, and up to 20% of higher 
molecular weight products was obtained.

The possibility of a reactive norcaradiene as an 
intermediate in CHT formation has been consid­
ered,1 and the over-all energy barrier for the proc­
ess might be reduced by simultaneous bond forma­
tion if the norcaradiene formation occurs simul­
taneously with the methylene carbon-bridgehead 
carbon bond rupture in BCH. The reverse Diels- 
Alder reaction should involve rupture of the six- 
membered ring of BCH, which would be a different 
process from the rupture of the methylene bridge 
which has been suggested as the route to BCH. 
Hence knowledge of the activation energies would 
be of value in considering these processes. The 
study reported here therefore was undertaken to 
determine the kinetics of the decomposition reac­
tions.

Experimental
The BCH used in this work was Shell Chemical material 

which was purified by three successive distillations through a 
Vigreux column keeping the middle fraction each time. 
Matheson Coleman and Bell 2,6-di-i-butyl-p-cresol was kept 
in both distillation pot and receiver as a polymerization in­
hibitor. This inhibitor is sufficiently non-volatile that pure 
BCH simply may be distilled from it for use as needed. The 
resulting BCH was homogeneous to gas chromatographic 
analyses using silicone oil on firebrick and hexamethylphos- 
phoramide on firebrick column packings. The 60 Me. nu­
clear magnetic resonance spectrum also showed that any 
impurities were at a level of less than 1% . The BCH was 
stored in the vacuum system over the inhibitor at Dry Ice 
or liquid nitrogen temperatures. Matheson prepurified 
nitrogen was used without further treatment. Matheson 
acetylene also was used after passage through a trap at Dry 
Ice temperatures to remove acetone and water. Cyclo­
pentadiene was prepared by thermally cracldng the dimer 
and distilling off the monomer through a Vigreux column. 
The resulting cyclopentadiene then was distilled into the 
system and kept at Dry Ice temperature. Nuclear magnetic 
resonance spectra taken of the stored CPD after one week 
showed no water or dimer. CHT for calibrations was pre­
pared by the lithium aluminum hydride reduction of tropyl- 
ium fluoroborate.3

A standard high vacuum system was used for the storage 
and handling of reactants and products. Reactions were 
carried out in a 500-ml. spherical vessel connected to the 
vacuum system by a mercury float valve. A gas chroma­
tography sampling system was an integral part of the 
vacuum line. Quantitative analyses were performed by gas 
chromatography; relative peak area was obtained by weigh­
ing cut out peaks with a microbalance. Routine analyses

(1) W. G. Woods, J. Org. Chem., 23, 110 (1938).
(2) W. M. Hal per, G. Gaertner, E. W. Swift, and G. E. Pollard, 

Ind. Eng. Chem., 50, 1131 (1958).
(3) H. J. Dauben, C. R. Honnen, and K. M. Harman, J. Org. Chem., 

25, 1442 (1960).
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were made usinga3-m.0.64-cm. o.d. column packed with Dow 
Corning 703 silicone oil on firebrick and operated at 110°. 
Under these conditions, acetylene was eluted too soon for 
accurate measurements, and hence in a scries of sixteen runs 
to check the cyclopentadiene to acetylene product ratio, a 
30-cm. column of hcxamethylphosphoramide on firebrick 
was used at room temperature. For this series of experi­
ments no measurements were feasible for the other products.

The reaction vessel, equipped with thermometer wells 
reaching to the center, -was in an air-bath thermostat con­
trolled by a gas thermometer mercury manometer relay 
system. The temperature was held constant to 0.1° during a 
run, and temperature gradients through the vessel were 
less than 1 ° . Temperatures were monitored with four junc­
tion Chromel-Alumel thermocouples and were checked by 
comparison with a Leeds and Northrup certified No. 8163-C 
platinum resistance thermometer, L & N Mueller bridge, at 
each temperature employed. Precision of temperature 
measurement should be ± 0 .1 ° . Absolute temperatures 
certainly should be good to ± 0 .4 ° .

Mixtures for runs with added nitrogen were prepared in a 
mixing flask equipped with a magnetically driven paddle 
stirrer. Reaction products were pumped through a three 
turn loop of 6-mm. i.d. tubing immersed at one end in liquid 
nitrogen to assure complete freezeout of products and rapid 
removal of the nitrogen mixture from the vessel.

Results
An approximately equimolar mixture of acetyl­

ene and cyclopentadiene was prepared and heated 
at 360° for a time which would correspond to 50% 
decomposition of BCH, and at a total pressure of 1 
cm. Only 0.3% of the material reacted to give a 
peak of the same retention time as BCH, and hence 
the Diels-Alder addition reaction may be ignored 
in considering the decomposition of BCH. No 
toluene or CHT, i.e., less than 0.05% of the start­
ing materials, was observed in the analysis.

Sixteens runs at BCH pressures between 0.3 
and 1.2 cm. were made at 353° and were analyzed 
using the hexamethylphosphoramide column to 
check the cyclopentadiene-acetylene ratio. The 
reaction times corresponded to conversions of start­
ing material ranging between 12 and 85%. The 
cyclopentadiene-acetylene ratio was 0.93 with a
r.m.s. deviation of 2.0%. There was no significant 
change of this ratio with reaction time, and the 
deviation of the ratio from unity by 7% may be 
due to errors in the gas chromatography detector 
sensitivity calibrations. Lack of variation in the 
ratio with either degree of reaction or pressure would 
seem to rule out loss of cyclopentadiene in the reac­
tion vessel through formation of Diels-Alder ad­
ducts with other olefins.

A plot of —log (fraction BCH unreacted) vs. time 
for a series of runs at 352.0° and another series at 
356.7° gave straight lines with deviations of less 
than 2% from linearity except for two runs at 62 
and 67% conversion which were off by 7% each. 
The calculation assumes CHT, CPD, and toluene 
account for the only reactions. Apparent first- 
order rate constants for BCH decomposition were 
computed for all runs; for a series of six runs at 
340.4°, the first-order rate constants deviated 
from the mean by a maximum of ± 4 %  for a varia­
tion in initial pressure between 1.0 and 2.7 cm. 
It therefore is concluded that the disappearance of 
BCH is a first-order reaction. A check of the 
material balance in this reaction and absence of 
important polymerization reactions is found in 
the total chromatogram peak areas, corrected by 
the appropriate detector sensitivity ratios. For a

series of runs made on on 3 day at a constant carrier 
gas flow rate and detector temperature, the sum 
of the peak areas of BCH CHT, toluene, and cyclo­
pentadiene should be proportional to reactant pres­
sure at a given reaction temperature if no other 
reactions are occurring. For four runs at 356.7° 
made consecutively with 'eactant conversions rang­
ing between 24 and 74%, a plot of total corrected 
peak area vs. reactant pressure showed less than a 
4% scatter of the points from a straight line going 
through the origin. Similar agreement was found 
for other sets of runs made under conditions of 
constant detector sensitivity.

Two runs were made a: 329.8° with the reaction 
vessel packed with 4-mm. diameter glass beads which 
increased the surface to volume ratio by a factor of 
55. The apparent first-order rate constant for 
production of cyclopentadiene plus acetylene was 
unchanged, and the rate constant for formation of 
toluene +  CHT was increased by 12%. It there­
fore seems safe to conclude that the reaction ob­
served in the unpacked vessel is homogeneous.

The ratio of CHT to CPD should be the ratio of 
rate constants for the first-order formation reac­
tions, and should be independent of extent of 
reaction if there are no side reactions. The ratio 
shows a scatter of ± 8 %  for the series of runs at 
352.0° with a slight upward trend with degree of 
reaction which goes to £7% of completion. The 
ratios given in the table of data have been calcu­
lated including the toluene with the CHT. This 
procedure was based on the brief data of Woods 
which indicated that the toluene was formed from 
the CHT. If the toluene yield is not included 
with the CHT there is not a significant change in 
the ratio of CHT to CPD with degree of reaction.

The toluene yields ranged up to 6 or 7% of the 
CHT. Both of these products emerged from the 
chromatograph as relatively spread out peaks, 
which increased the uncertainty of area measure­
ments, and the toluene peak area measurements 
were marginal. It therefore is difficult to sort out 
trends in the toluene formation except that it in­
creased relative to CHT with an increase in tem­
perature.

Although Woods founc. that toluene was formed 
from CHT at 475°, it also might arise from BCH 
by a hydrogen migration from the bridgehead car­
bon to the CH2 group after a preliminary ring 
opening. This probably would involve a higher 
activation energy than tue isomerization to CHT. 
Without knowledge of the activation energy for 
the CHT toluene conversion it cannot be stated posi­
tively that the toluene found at temperatures 100° 
or more below 475° arises from CHT decomposition.

Four runs were made with added nitrogen with 
results as shown in the Appendix. The chief re­
sult was the increase in CHT formation rate by 
1 2 % .

Individual rate constants for the two decom­
position processes were computed for each run, in­
cluding the toluene with the CHT, and the rate 
constants at each temperature then were averaged. 
These average rate constants were used in Arrhe­
nius plots to determine the activation energies.

For the first-order formation of cyclopentadiene
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plus acetylene from BCII
h  =  5.2 X 1014 exp( -5 0 .5  ±  12 HIT)  sec.“ 1 

and for CHT formation from BCH
h  =  8.2 X 1014 exp( —51.6 ±  l.S/RT) sec.“ 1 

Discussion
A tentative value of 979.6 kcal./mole for the 

standard heat of combustion of BCH has been 
reported.1 From this and the known heats of 
formation of CHT, CPD, and acetylene,6 the heats 
of the following reactions may be computed. A 
heat of vaporization for BCH of 7.6 kcal./mole is 
estimated from Trouton’s rule.

BCH(2)  ^  CHT(g) AH,5» =  12.1 kcal./mole
BCH(g) — >■ CPD(Ei +  acetylene A,H,£ =  +31.0 kcal.

Although the AH of the first reaction probably 
is the same to within 1 kcal. at 350°, the AH 
for the second reaction should be increased by about
3.6 to +34.6 kcal./mole at 350°.

Subtraction of the endothermicity from the ob­
served activation energy of 50.5 kcal. gives an 
activation energy for the Diels-Alder addition of 
acetylene to cyclopentadiene of 15.9 kcal./mole, 
comparable to the value of 16.7 kcal. observed6 
for cyclopentadiene dimerization. The pre-ex­
ponential factor of 1014-72 sec.-1 observed in this 
work for the reverse Diels-Alder reaction is higher 
than the A factor of 1013° found for the dicyclo- 
pentadiene decomposition.6 The BCH-CHT con­
version is exothermic, and the relatively high activa­
tion energy of 51.6 kcal./mole probably indicates 
that the transition state for the reaction is not very 
similar to the product molecule and does not re­
ceive much help in reduction of the energy barrier 
from simultaneous bond formation steps. The 
pre-exponential factor of 1014-91 sec.-1 is in the 
neighborhood of values found for the high pres­
sure A factors of many unimolecular reactions. 
This high value also would indicate that any step 
subsequent to the initial bond rupture occurs with 
a high probability. The similarity of activation 
energies for the two modes of decomposition of 
BCH also hints that the rupture of a bond between 
a bridgehead carbon and a vinyl carbon is the initial 
step for both reactions. Rupture of a second such 
bond would lead to acetylene and cyclopentadiene; 
rotation of the C2H2 group v7ith attack on the meth­
ylene carbon would give the alternate path to CHT. 
Alternative!}7, the valence tautomer of CHT, A2-6- 
bicyclo [3,2,0]heptadiene, could be formed and 
would decompose rapidly under the reaction condi­
tions to CHT.7
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Appendix
A. Data for Runs without Added Nitrogen 

a =  fraction BCH left

T, °C. Reactant P, cm. a sec. 1 sec. 1
327.2 1.8 0.84 1.21 1.86

1.9 .82 1.19 1.90
2.0 .82 1 19 2.06

340.4 1.0 .80 2.57 4.64
1.12 . 77 2.70 4.68
1.2 .76 2 90 4.49
1.3 .79 2.99 4.69
1.8 .80 2.76 4.72
2.7 .75 2 43 4.66

352.0 1.0 .74 5.77 9.13
1.0 .83 5 54 9.86
1.0 .81 5.36 10.4
1.0 .33 7.23 10.9
1.0 .50 6.75 10.2
1.1 .60 6.65 10.0
1.1 .61 5.97 9.83
1 .3 .72 5.99 9.91
1.7 .65 6.05 10.2
1.7 .84 5.28 9.72
2.2 .61 5.97 9.63

356.7 0.8 .57 8.8 13.7
0.9 . 76 7.5 13.6
0.9 .26 9.5 14.6
1.0 .38 9.5 13.5

359.6 0.8 .44 10.8 16.4
0.9 .42 11.4 16.5

370.3 1.6 .30 22.7 34.7
1.8 .52 19.4 32.3
2.4 .34 20.7 33.3

B. Packed Vessel
329.8 3.1 0.79 1.49 2.40

3.2 0.78 1 .68 2.21
C. Added Nitrogen

N+BCH  = 8.7
356.7 1.4 0.36 10.1 15.0

N ./BCH  =  12.3
0.9 0.36 9.6 14.2
1.4 0.22 10.9 15.1
2.0 0.29 10.2 14.4
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VARIABLE CHARGE ION-EXCHANGE 
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While many studies have been made of synthetic 
ion-exchange membranes and membrane systems, 
little effort has yet been made to influence directly 
the characteristics of a synthetic membrane itself.1 
It is our purpose to describe the fabrication and prop­
erties of a synthetic membrane that is capable of 
being changed both in charge density and in charge

(1) K. H. Meyer and J. F. Sievers, Helv. Chim. Acta, 19, 649, 665 
(1930).
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sign. To achieve this, use has been made of a poly­
ampholyte which contains weak acidic and weak 
basic groups, as a consequence of which the material 
exhibits an isoelectric point and has a charge den­
sity and polarity that are functions of pH.

Experimental
T h e  p o ly a m p h o ly te  w as fo r m e d  fr o m  th e  m o n o m e rs  

m e th a cry lic  a c id  a n d  N -d ie th y la m in o -2 -e th y l  m e th a cry la te  
b y  a m e th o d  d e sc r ib e d  b y  A lfr e y  a n d  P in n e r .2 T h e  z w it-  
te r io n ic  s tru c tu re  o f  th is  p r o d u c t  is sh o w n  d ia g ra m m a tica lly

C H 3 c h 3

------- C H 2— C — C H 2— C --------------------------
I Ic o o e  c = o

I
o

H — N — ( C 2H 6)2 J 
© n

A  n itro g e n  a n a ly s is  y ie ld e d  a v a lu e  o f  4 .2 %  as co m p a re d  t o  a 
th e o re tica l v a lu e , b a se d  o n  th e  a b o v e  s t ru c tu re , o f  5 .1 7 % .

T o  fo r m  th e  m a tr ix  o f  th e  m e m b ra n e , D y n e l ,  o b ta in e d  
fr o m  th e  U n io n  C a rb id e  P la stics  C o m p a n y , w as e m p lo y e d . 
F o r  som e  o f  th e  c o n d u c t iv i t y  m ea su rem en ts  re q u ir in g  a  la rge  
a n io n , p u r ifie d  so d iu m  p o lv s ty re n e s u lfo n a te  (N a P S )  o f
10,000 m o le cu la r  w e ig h t  w as u sed .

M e m b ra n e s  w e re  ca s t  fr o m  an  in te rp o ly m e r  so lu tio n  m a d e  
b y  d is so lv in g  D y n e l  a n d  p o ly a m p h o ly t e  in  N ,N -d im e t h y l -  
fo rm a m id e  a t  9 0 ° .  T h e  s o lu t io n  w as 1 7 %  to ta l so lid s , o f  
w h ich  2 8 .6 %  w as p o ly a m p h o ly t e . T h e  fin a l m e m b ra n e  
th ick n ess  w as 50  n ± 2 % .

C o n ce n tra t io n  p o te n tia ls  a n d  resistan ces w ere  o b ta in e d  
as d e scr ib e d  e lse w h e re 3 as a  fu n c t io n  o f  p H .  T h e  a m b ie n t  
so lu tio n s  u sed  w ere  so d iu m  ch lo r id e  b u ffe re d  w ith  a ce t ic  a c id  
a n d  s o d iu m  a ce ta te  fo r  o n e  ra n g e  o f  p H  v a lu e s  (p H  4  t o  5 .5 )  
a n d  w ith  so d iu m  d ih y d r o g e n  p h o s p h a te  a n d  d is o d iu m  h y d r o ­
gen  p h o sp h a te  fo r  a n o th e r  ra n g e  (p H  6  t o  7 .5 ) .  T h e  b u ffe rs , 
p re p a re d  a c c o rd in g  t o  th e  d a ta  o f  C o n w a y ,4 w ere  m a d e  u p  to  
0.20 a n d  0 .1 0  io n ic  s tre n g th  ( I)  s o lu tio n s  b y  th e  a d d it io n  o f  
a n  a p p ro p r ia te  a m o u n t  o f  s o d iu m  c h lo r id e . W it h  th e  fo rm e r  
b u ffe r  th e  m o la r  ra t io  o f  th e  so d iu m  ion s  o f  th e  a m b ie n t  so lu ­
tion s  w as 2 .0 0 . W ith  th e  la tte r  b u ffe r  th e  m o la r  ra tios  o f  
th e  so d iu m  ion s w e re  2 .0 2 , 2 .0 4 , 2 .0 5  a n d  2 .0 8 , re sp e c t iv e ly , 
in  th e  fo u r  p H  v a lu e s  a tta in e d  w ith  th a t  b u ffe r . T h e  ch lo r id e  
ion  ra tio  w as 2 .2 5  a t  a ll th e  p H  v a lu es .

T h e  p H  d iffe ren ces  b e tw e e n  th e  m em b ers  o f  a p a ir  o f  c o n ­
ce n tra te d  a n d  d ilu te  so lu tio n s  ra n g e d  fr o m  z e ro  t o  0 .0 9 . 
B y  th e  u se  o f  th e se  s o lu tio n s , b i- io n ic  p o te n tia ls  w ere  m in i­
m iz e d , s in ce  th e  b u ffe r  sa lts w ere  o f  e q u a l co n c e n tra tio n s  
(a n d  n ea r eq u a l a c t iv it ie s )  o n  ea ch  s id e  o f  th e  m e m b ra n e , 
p e rm itt in g  th e  d iffe re n ce s  in  so d iu m  an d  ch lo r id e  io n  c o n ­
ce n tra tio n s  (a c t iv it ie s )  t o  b e  th e  p r in c ip a l p o te n t ia l  d e te r ­
m in in g  s p e c ie s .

S am p les o f  I o n ic s ,  I n c . ,  m em b ra n es  A R - l l l - A  (a n io n )  and  
C R -6 1  ( c a t io n )  w ere  e m p lo y e d  fo r  co n tro l  a n d  co m p a r iso n  
p u rp o s e s . F re e  d iffu s io n  p o te n tia ls  a t  ea ch  p H  w ere 
m ea su red  b y  u s in g  a  p e r fo ra te d  ru b b e r  d ia p h ra g m . T h e se  
m ea su rem en ts , m a d e  o v e r  a  fiv e -m in u te  in te rv a l, w ere  
co n s ta n t  t o  w ith in  0 .0 6  m v .

R e s is ta n ce  m e a su rem en ts  w ere  m a d e  w ith  b u ffe re d  so d iu m  
ch lo r id e  so lu tio n s  (0 .1  I)  o n  c o n d it io n e d  m e m b ra n e  sa m p les 
o f  area  0 .9 6 8  c m .2. R e s is ta n ce  m e a su re m e n ts  a lso  w ere 
m a d e  w ith  so lu tio n s  c o n ta in in g  2 .0 0  g . o f  N a P S  m a d e  u p  to  
100 m l. w ith  0 .0 0 2  I  b u ffe r .

Results and Discussion
Figure 1 illustrates the results obtained of the 

concentration potentials as a function of pH. 
At low pH values, the polyampholyte membrane 
bears a positive charge and is, to varying degrees,

(2) T. Alfrey, Jr., and S. H. Pinner, J. Polym er Sci., 23, .533 (1957).
(3) H. P. Gregor, H. Jacobson, R. C. Shair and D. M .  Wetstone, 

J. Phys. Chem., 61, 141 (1957).
(4) B. E. Conway, “Electrochemical Data,” Elsevier Publ. Co., 

1952*

pH.
F ig . 1.— C o n ce n tra t io n  p o te n t ia ls  as a  fu n c t io n  o f  p H  

u s in g  b u ffe re d  so lu tio n s  o f  0 .2  a n d  0 .1 J ;  c u r v e  1, p o ly ­
a m p h o ly te  m e m b ra n e ; cu r v e  2, p e r fo ra te d  r u b b e r  d ia ­
p h r a g m ; cu rv e s  3 a n d  4 , Iorfics , I n c .,  m e m b ra n e s  C R -6 1  a n d  
A R - l l l - A ,  r e s p e c t iv e ly .

F ig . 2 .— R e s is ta n ce  as a  fu n c t io n  o f  p H :  cu r v e  1, o b ta in e d  
w ith  0 . 1 1 b u ffe re d  so lu tio n  mf N a C l ; c u rv e  2, o b ta in e d  w ith  
b u ffe re d  so lu tio n  c o n ta in in g  2 %  so d iu m  p o ly s ty r e n e -  
su lfon a te .

anion-selective. At higa pH values, the charge is 
negative and the membrane is cation-selective. 
At the pH of 6.1, there is no net charge within the 
membrane; the polyampholyte presumably exists 
in a zwitterionic form. At this point, the potential 
measured is essentially that of free diffusion.

The use of polyamphe lytes of different isoelectric 
points would, of course, shift the curve to different 
pH ranges. Obtaining potentials close to the maxi­
mum possible would depend on having available the 
proper charge concentration at the extreme pH 
values.

Concentration potentials also were measured in 
hydrochloric acid (0.20 77-0.10 N ) and in potassium 
hydroxide (0.2 iV-0.1 N ) and values of —16.5 and +
14.9 mv., respectively, vere obtained. The theore­
tical maxima for the latter two systems are —16.70 
and + 16.56, respectively.
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Figure 2 shows the effect of pH on the electrical 
resistance of the polyampholyte membrane. Curve 
1, measured in 0.1 /  buffered sodium chloride, ex­
hibits an order of magnitude rise in resistance as a 
function of pH. The Ionics membranes were simi- 
larily measured and practically no effect on the 
resistance was observed.

The resistance of the polyampholyte membrane 
is low at pH values at the extremes of the range 
used, since at these pH values the concentration of 
fixed charges (positive at low pH and negative at 
high pH) with their associated gegenions is at the 
maximum. As the pH of 6.1 is approached from 
either side, the concentration of charges decreases 
and the resistance rises. At the isoelectric point, 
fixed (immobile) zwitterions exist and free charge 
carrying gegenions are at a minimum.

Another factor responsible for the trend illus­
trated in Fig. 2 is the choice of solute. Curve 2 
shows the data obtained with 2% NaPS-0.002 I  
buffer solutions. Except for the first point, the re­
sistance falls with increasing pH and does not show 
the sharp rise in resistance at or near the isoelectric 
point. This behavior can be explained on the basis 
of steric considerations. At a pH of about 4.7-4.8, 
the polyampholyte membrane bears fixed positive 
charges which hinder the transport of cations 
across it. Consequently, current is carried by 
anions. However, a large fraction of the free anions 
is hindered and the resistance is high. As the pH 
is raised, the membrane charge diminishes and the 
Donnan exclusion effect becomes less pronounced. 
The transport number of sodium ions across the 
membrane becomes greater and the resistance falls. 
At the presumed isoelectric point there is no barrier 
to sodium ions in contradistinction to that at lower 
pH. As the pH is increased further, the membrane 
becomes negatively charged and the transport 
number of the sodium ion approaches unity; thus, 
a larger current can be maintained and the resi­
stance continues to fall.

It is conjectured that the initial rise in resistance 
is due to a decrease in the gegenion concentration 
(and fixed ion concentration) but not enough of a 
decrease to abate the Donnan effect—that is, 
sodium leakage remains unchanged and minimal. 
This is borne out by reference to the concentration 
potentials at the various pH values. As can be 
seen from Fig. 1, at pH 4.32 and 4.79, the concen­
tration potentials are close to the maximum. The 
slope becomes substantial at pH values higher 
than 5.0. Up to this pH, ion leakage is small and 
the resistance is governed by the gegenion concen­
tration. Above pH 5.0, leakage is enhanced and a 
greater fraction of ions becomes available for carry­
ing current.

MISCIBILITY OF METALS WITH SALTS.
VI. LITHIUM-LITHIUM HALIDE SYSTEMS1

B y  A . S . Dworkin, H . R .  Bronstein, and M . A . Bredig

Chemistry Division, Oak Ridge National Laboratory, Oak Ridge, Tennessee 
Received October 20, 1961

The miscibility of the alkali metals with their 
halides was shown to decrease rapidly in going

from the cesium systems to the sodium systems.2-6 
This report covers the lithium systems which were 
expected to exhibit a continuation of the trend; 
that is, low solubility of metal in salt and high 
(consolute) temperatures for complete miscibility 
between metal and salt.

Experimental
Apparatus and Procedure.— T h e  p o in ts  o n  th e  L i - L i F  

p h a se  d ia g ra m  (F ig .  1 )  d e s ig n a te d  b y  o p e n  c irc le s  w e re  o b ­
ta in e d  b y  m ean s o f  th e rm a l a n a ly s is  ( c o o l in g  c u r v e s )  as d e ­
s cr ib e d  p r e v io u s ly .4 A  p la tin u m  w o u n d  M a rsh a ll fu rn a ce ,

F ig . 1 .— -L iqu id  m e ta l-s a lt  p h a se  e q u ilib r ia  in  th e  a lk a li 
m e ta l- f lu o r id e  sy stem s .

sta in less  ste e l sa m p le  ca p su le s , a n d  a  P t - P t R h  th e r m o c o u p le  
w ere  u sed  a t  te m p e ra tu re s  u p  t o  1 4 0 0 ° . A t  lo w e r  te m p e r a ­
tu res  a n d  a t  lo w  s a lt  o r  m e ta l c o n ce n tra t io n s , w h e re  th e  
th e rm a l h a lts  fo r  l iq u id - l iq u id  se p a ra t io n  b e c o m e  u n o b s e r v ­
a b le  b e ca u se  o f  th e  sm a ll te m p e ra tu re  d e p e n d e n ce  o f  th e  
s o lu b ility , s e p a ra te  sa m p lin g  o f  th e  liq u id  m e ta l-r ich  a n d  
sa lt -r ich  p h a ses  a fte r  e q u ilib r a t io n 2 3 4 y ie ld e d  th e  p o in ts  d e s ig ­
n a te d  X  (F ig .  1 ) .

F o r  th e  L i - L i C l  a n d  L i - L i l  s y s te m s , a n  a p p a ra tu s  w as 
b u ilt  w h ic h  p e rm itte d  th e  d ire c t  sa m p lin g  o f  th e  s o lu t io n  at 
te m p e ra tu re , as in  so m e  m ea su rem en ts  o n  th e  s o d iu m -  
s o d iu m  h a lid e  s y s te m s .5 6 7 T h e  a p p a ra tu s  w a s  a  sm a lle r , 
m o d ifie d  v e r s io n  o f  th e  c o n d u c t iv it y  a p p a ra tu s  u sed  fo r  th e  
a lk a li m e ta l-h a lid e  s y s te m s ,’  a n d  has o n ly  o n e  e n t r y  p o r t

(1) Work performed for the U. S. Atomic Energy Commission at 
the Oak Ridge National Laboratory* operated by the Union Carbide 
Corporation, Oak Ridge, Tennessee.

(2) M. A. Bredig, J. W. Johnson, and W. T. Smith, Jr., J. Am. 
Chem. Soc., 77, 307 (1955).

(3) M. A. Bredig, H. R. Bronstein, and W. T. Smith, Jr., ibid., 77, 
1454 (1955).

(4) J. W. Johnson and M. A. Bredig, J. Phys. Chem., 62, 604 (1958).
(5) M. A. Bredig and H. R. Bronstein, ib id ., 64, 64 (1960).
(6) M. A. Bredig and J. W. Johnson, ib id ., 64, 1899 (I960).
(7) H. R. Bronstein and M. A. Bredig, J. Am. Chem. Soc., 80, 2077 

(1958).
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o n  th e  r o ta ta b le  tu r r e t . T h e  l ith iu m  w a s  in tr o d u ce d  in to  th e  
m o lte n  sa lt  b y  m ea n s o f  a  p e r fo ra te d  sta in less  s tee l b a sk e t  
w h ich  w a s  a t ta ch e d  t o  a  sta in less  ste e l r o d  a n d  w h ic h  a c te d  
b o t h  as a  c o n ta in e r  fo r  th e  lith iu m  a n d  a  st irre r . T h e  b a sk e t  
w as r e m o v e d  a fte r  e q u ilib ra t io n  a t  te m p e ra tu re  w ith  st irr in g , 
a n d  a  sa m p le  o f  th e  m o lte n  s a lt -r ich  p h a se  w as ta k e n  b y  
m ea n s o f  a  s a m p lin g  d e v ice  d e sc r ib e d  p r e v io u s ly .7 (S u f­
fic ie n t  a d d it io n s  o f  lith iu m  w e re  m a d e  t o  en sure  th e  p re se n ce  
o f  tw o  liq u id  p h ases a t  th e  e q u ilib r a t io n  t e m p e r a tu r e s .)  T h e  
sa lts  w ere  h e ld  in  b o t h  m o ly b d e n u m  a n d  sta in less s tee l c ru ­
c ib le s , a n d  n o  d e p e n d e n ce  o o  co n ta in e r  m a ter ia l w as n o te d  
in  th e  m e a su re m e n ts . T h e  te m p e ra tu re  lim it  o f  th e  a p ­
p a ra tu s  w a s  1 0 0 0 ° . A t te m p ts  t o  d e te rm in e  th e  m e ta l-s a lt  
p h a se  e q u ilib r ia  in  th e  L i - L iC l  a n d  L i - L i l  sy s tem s  b y  th e r ­
m a l an a lys is  a b o v e  th is  te m p e ra tu re  w ere  u n su cce ss fu l.

M a te r ia ls .— T h e  L iF  w as o p t ic a l  g ra d e  s in g le  c ry s ta l 
m a te r ia l (H a r s h a w ) . L iC l  a n d  L i l  w ere  re a g e n t  g ra d e  
m a ter ia ls  w h ich  w e re  p u r ifie d  b y  v e r y  s lo w ly  h e a tin g  in  th e  
p re se n ce  o f  H C 1 a n d  H I ,  r e s p e c t iv e ly , t o  ju s t  b e lo w  th e  m e lt ­
in g  te m p e ra tu re s  o f  th e  sa lts , m e lt in g  u n d e r  d r y  a rg o n , a n d  
filte r in g  w h ile  m o lte n . T h e  L i  w a s  a n a ly z e d  fo r  o th e r  a lk a li 
m e ta ls , as w e ll as C , N s , a n d  Os a n d  w as fo u n d  t o  c o n ta in  less 
th a n  0 .0 5  m o le  %  o f  im p u r ity .

Results and Discussion

The results for the Li-LiF system are shown in 
Fig. 1. The data obtained by the ball check valve 
method for the salt-rich phase are not as reliable6 
as those obtained by the decantation method for 
the metal-rich phase; therefore, the salt-rich por­
tion of the diagram is shown by a dotted line. 
However, both methods give results which fit very 
well with the data from thermal analysis.

Figure 1 shows a comparison of all five alkali 
metal-fluoride systems. The regular trend in the 
miscibility of the alkali metals with their molten 
fluorides, which is representative of the trend in 
all the alkali halides, is very apparent. This trend 
is a rapid increase in miscibility with increase in 
atomic number of the alkali metal, that is, with the 
decrease in internal pressure3 of both salt and metal.

The solubility of lithium in lithium chloride was 
found to increase from a value of 0.5 ± 0.2 mole % 
at 640° to 2.0 ± 0.2 mole % at 1000°. The solu­
bility of lithium in lithium iodide increased from a 
value of 1.2 ± 0.5 mole % at 550° to 2.5 ± 0.5 
mole % at 950°. These values are the lowest found 
among the alkali metal solubilities in their chlo­
rides and iodides.

It has been demonstrated that the Li-LiF sys­
tem as well as the measured portions of the Li- 
LiCl and Li-Lil systems follow the trend discussed 
above. Therefore, approximate delineation of the 
miscibility gap for the Li-LiCl, Li-LiBr, and Li- 
Lil systems can be deduced from comparison 
with the other alkali metal-halide systems.2”6 
In light of this, further phase studies in the dif­
ficult lithium systems were not performed.

Attempts to measure the electrical conductivity 
of the lithium systems were unsuccessful, be­
cause of reaction between the lithium solutions 
and the synthetic sapphire or single crystal mag­
nesia capillary cells used in our conductivity ap­
paratus.7 No insulating material has as yet been 
found which will withstand attack by these solu­
tions.

(8) J. H. Hildebrand and R. L. Scott, “ The Solubility of Non-
Electrolytes,”  Third Edition, Reinhold Publ. Corp., New York, N. Y.,
1950.

THE LIQUID-LIQUID SOLUBILITY OF
CYCLOHEXANE AND 

PERFLUOROTRIB JTYLAMINE AT 25°
By Ryoichi Fojishir i and J. H. Hildebrand 

Departm ent o f Chem istry, University o f California, Berkeley 4, California  
Received O ctober £ 4 , 1961

The usual method for determining liquid- 
liquid solubility is to observe visually the separation 
of a mixture of known composition into two 
phases as the temperature is lowered. This can 
be done accurately only in the region around the 
critical point, and most composition-temperature 
curves have not been carried very far down the 
descending branches. The reliable portions of 
available curves for different liquid pairs extend 
over different ranges cf temperature, and it is 
difficult to make a systematic comparison of 
such systems at a common temperature. Param­
eters calculated from critical temperatures are 
unsatisfactory also because the structure of mix­
tures near the critical point is extremely complex, 
and not amenable tc model treatments that are 
reasonably applicable outside this region. It is 
very desirable to have figures for liquid-liquid 
solubilities at a standard temperature, preferably 
at 25°, by determining the composition of both 
phases by analysis.

We present the equilibrium compositions of the 
two-liquid phase of the system cyclohexane +  
n-perfluorotributylamine, analyzed by aid of the 
large difference in their densities. We obtained 
the densities of the pure components, of solutions 
of known composition, and of both saturated 
phases. Our figures are given in Table I.

TA 3LE  I

Densities at 25° and Mole Fractions of C6Hi2, xh and 
( C 4F s)3N , z 2

U n saeu rated
XI d « i

0 1.8714 0 0.7741
0.1399 1.8131 0.00264 .7822

.1828 1.7972

.2025 1.7884

S a t i.ra tcd
Phase A Phase B
0.218 ( 1.7827 0.00317 i 0.7836

j 1.7819 i .7842

The specific volumes coresponding to these 
densities plotted against mole fractions of the un­
saturated solutions give straight lines which, 
extrapolated the short distances to specific volumes 
of the saturated phases, give the mole fractions in 
the two equilibrium phases, A and B.

The difference between the solubility parameters 
of the pure liquids, a id S2, in the approximate 
solubility equation

In a i =  In x\ +  — 5i)2/RT ( 1 )

(v denotes molal volume and $  denotes volume 
fraction) can be calculated by aid of the following 
relations
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(a) the four equations of the above form for a, and a, in 
phase A and in phase B.

(b) Goa =  aib, G2a =  tta,
(c) XlA +  X2A =  1, ZlB +  ®2B =  1 

■PlA +  <P2A — 1) W B +  <P2 B =  1

By combining these, one may obtain the equation
RT
2 f - i n  — + - l n<Vi x 1A vs »>i a)(i>2 — ¡>2y

(2)
Rotariu,1 at the suggestion of the senior author, 

applying the same reasoning, but starting with 
an equation different from eq. 1, derived a similar 
equation, but one in which composition is ex­
pressed in volume fractions only, now known to 
be inferior to eq. 1.

Substituting into this equation the molal 
volumes Vi = 108.5 cc., v2 = 359 cc., the mole 
fractions according to Table I, and the correspond­
ing volume fractions, gives h — 52 = 3.08. The 
5-values from energies of vaporization give 5X — 
52 = 8.2 — 5.9 = 2.3. This mixture adds another 
to the many examples2 of mixtures of an aliphatic 
hydrocarbon and a fluorocarbon that are mutually 
less soluble than their solubility parameters would 
indicate according to eq. 1.

In phase B, x\ is 0.997, and ai » 1 in both phases, 
hence we can calculate 52 — 5i for phase A by means 
of eq. 1. The result is 3.03, practically identical 
with the figure above, calculated by eq. 2.

This -work has been supported by a grant from 
the National Science Foundation.

(1) G. J. Rotariu, R. J. Hanrahan and R. E. Fruin, J, Am. Chem. 
Soc., 76, 3752 (1954).

(2) (a) J. H. Hildebrand, J. Chem. Phys., 18, 1337 (1950); (b) 
J. B. Hickman, J. Am. Chem. Soc., 77, 6154 (1955).

ULTRACENTRIFUGAL DETERMINATION 
OF THE MICELLAR CHARACTER OF 

NON-IONIC DETERGENT SOLUTIONS. Ill
B y C. W . D w ig g in s , J r ., and It. J. B olen

Bartlesville Petroleum Research Center, Bureau of Mines
U. S. Department of the Interior, Bartlesville, Oklahoma

Received October 25, 1961

Determinations of micellar molecular weights 
of non-ionic detergents in aqueous solutions by 
ultracentrifugal1'2 and light-scattering3-6 methods 
have shown that micellar molecular weights arc 
highly dependent upon the types of detergents 
studied. In addition, ultracentrifugal studies have 
shown that the micellar molecular weights are 
highly dependent on the temperature2 of detergent 
solutions. Thus it is likely that micellar molecu­
lar weights are dependent on the ethylene oxide 
chain length of the detergent molecules.

The usual polyoxyethylated alkylphenol de­
tergents are available as high-purity surfactants, 
but such detergents usually have a rather wide

(1) C. W. Dwiggins, Jr., R. J. Bolen and II. N. Dunning, J. Phys. 
Chem., 64, 1175 (1960).

(2) C. W. Dwiggins, Jr., and R. J. Bolen, ibid., 65, 1787 (1961).
(3) A. M. Mankowieh, ibid., 58, 1027 (1954).
(4) P. Debye, ibid., 51, 18 (1947).
(5) P. Debye, J. Appl. Phys., 15, 338 (1944).
(6) M. J. Schick, F. R. Eirich and S. M. Atlas, “Micellar Structure 

of Nonionic Detergents,” 139th National Meeting, American Chemical 
Society, St. Louis, Missouri, March, 1961.

distribution of numbers of ethylene oxide groups. 
Polyoxyethylated alkylphenol detergents having 
no chain length distribution are very difficult to 
obtain, but fractions having much narrower chain 
length distributions than the detergents available 
commercially may be obtained by molecular distil­
lation.7 Several properties of molecular distil­
lation fractions of a polyoxyethylated nonylphenol 
detergent were studied,7 and physical properties 
were significantly different for each detergent 
fraction. After these fractions became available, 
it wras decided to study the effect of ethylene oxide 
chain length distribution on micellar molecular 
weights of polyoxyethylated nonylphenol non­
ionic detergent.

Experimental
The transient-state method8 -1° for molecular weight deter­

mination using the analytical ultracentrifuge aided by syn­
thetic boundary experiments,11 and application of the theory 
to determination of micellar molecular weights of non-ionic 
detergents in aqueous solutions were discussed in the first 
two papers of this series and will not be repeated.

One set of detergent fractions was obtained from a pob'- 
oxyethylated nonylphenol having an average ethylene oxide 
mole ratio of 9.5. These fractions were cycles 9, 10 and 11 as 
described by Mayhew and Hyatt7 and had average mole 
ratios of 8.9, 9.7 and 10.7, respectively. A second set of 
fractions was obtained from a polyoxyethylated nonylphenol 
having an average ethylene oxide mole ratio of 6.0. These 
fractions were cycles 12 and 13 as described in ref. 7 and had 
average mole ratios of 7.6 and 7.7, respectively. The deter­
gent fractions have much narrower polyoxyethylene chain 
length distributions than the parent detergents, but it is not 
claimed that they have no chain length distribution.

The ultracentrifuge experiments were performed in a 2.5°, 
12-mm. double sector cell, and a matched capillary synthetic 
boundary cell as described.1'2 Great care was taken t,o main­
tain constant temperature and precise alignment, to prevent 
convection, and to prevent biological contamination. 
Values of the corrected concentration gradients at the air- 
liquid meniscus were used to determine micellar molecular 
weights.1

Pycnometers were used to obtain partial specific volumes 
as described previously.1’2 The pycnometer water-bath 
was maintained constant to within 0.005°. Least-squares 
calculations were used to evaluate partial specific volumes as 
described previously.1'2 The average deviation of individual 
specific volume data from the lines fitted by least squares 
ranged from 0.00001 to 0.00004.

Results and Conclusions
Micellar molecular weights and partial specific 

volumes for the various fractions are listed in Table 
I. Decreasing the number of ethylene oxide groups 
results in increased micellar molecular weights 
in aqueous solutions. It is of interest that, for the 
lower ethylene oxide mole ratios, very small changes 
in the ethylene oxide mole ratio can produce quite 
large changes in micellar molecular weights. 
Cloud-point temperatures are reduced greatly 
when ethylene oxide mole ratios are decreased.7 
It appears that cloud-points are dependent on the 
micellar character of the detergent solutions, but 
the correlation between cloud-point temperatures 
and micellar molecular weights may be the result 
of other, more basic factors.

(7) R. L. Mayhew and R. C. Hyatt, J. Am. Oil Chemists Soc., 29, 
357(1952).

(8) W. J. Archibald, J. Phys. Chem., 51, 1204 (1947).
(9) H. K. Schachman, “ Ultracentrifugation in Biochemistry,” 

Academic Press, New York, N. Y., 1959, pp. 181-199.
(10) J. M. Peterson and R. M. Mazo, J. Phys. Chem., 65, 566 

(1961).
(11) S. M. Klainer and G. Kegeles, ibid., 59, 952 (1955).
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Table I
P roperties of Polyoxyethylated  N onylphenol N on­
ionic D etergent  as a  F unction  of M ole R atio of E th ­

ylen e  Oxid e  at  25.00°
Av. mole 
ratio of 

ethylene 
oxide

Concn., 
wt. %

Time of 
run, 
min.

Partial 
specific 
volume, 
noi. /g.

Micellar 
mol. wt.,« 

X IO '“
10.7b 0.6255 420 0.908 4.54

.6255 1080 4.69

.6255 1262 4.44

.9982 1110 4.46

.9982 1440 4.69

.9982 1930 4.68
1.3454 1140 4.55
1.3454 1830 4.95
1.3454 2880 4.84

Mean 4.65
9 .7b 0.9939 1080 0.926 7.12

.9939 1320 7.12
1.3203 570 6.98
1.3203 1380 6.68

Mean 6.97
8 .9 ” 0.9864 630 0.9265 14.3

.9864 1320 14.7

.9864 1802 14.2

.9864 2880 14.6

Mean 14.4
7.7° 0.9623 1440 0.932 21.7

.9623 1680 22.4
1.0386 1440 22.5

Mean 22.2

7.6° 1.0343 1440 0.932 96.3
1.0343 2400 98.5
1.0343 3300 101.3

Mean 98.7
“ Weight-average, anhydrous micellar molecular weights. 

6 Molecular distillation fractions from detergent having 9.5 
mole ratio (average) of ethylene oxide; see text. c Molec­
ular distillation fractions from detergent having 6.0 mole 
ratio (average) of ethylene oxide; see text.

Micellar molecular weights and partial specific 
volumes of aqueous solutions of mixtures of two 
of the molecular distillation fractions are listed 
in Table II. These results indicate that the de­
tergent molecules having higher ethylene oxide 
mole ratios influence the resultant micellar molecu­
lar weights of mixtures of detergent fractions more 
than detergent molecules having lower ethylene 
oxide mole ratios. The departure from linear 
dependency of micellar molecular weight on com­
position is large.

These studies suggest that changing the ethylene 
oxide, chain length distribution of polyoxyethyl­
ated nonylphenol detergents may produce sig­
nificant variations in the micellar character of the 
detergent solutions. It thus is possible that 
changes in manufacturing conditions that produce 
significant variations in the shape of the chain 
length versus concentration curve as well as changes 
that produce variations in the average molecular 
weight may be of importance for synthesis of de-

T a b l h  II
P roperties of D etergent  M icelles in A queous Solu­
tions of B lends of M olecular  D istillation  F ractions 

of Po lyoxyethylated  N onylphenol at  25.00°
Wt. % of« 
7.6 mole 
ratio in 
blend

Wt. % (>fb 
blended 

detergent

Timi of 
run, 
min.

Partial
specific
volume,
ml./g.

Micellar 
mol. wt.. 
X 10-*

0 See Table I Mean 4.65
25.4 0.9347 IL O 0.919 6.43

.9347 . 1920 6.40

.9347 2880 6.40

Mean 6.41
50.1 0.9165 11 0 0.919 12.6
50.1 .9165 1500 12.3
50.1 .9165 1890 12.2

Mean 12.4
75.3 1.0150 1110 0.920 33 0
75.3 1.0150 1920 33.0
75.3 1.0150 2880 33.1

Mean 33.0
100 See Table I Mean 98.7

“ A series of mixed detergents was prepared by blending 
two of the molecular distillation fractions of polyoxyethy­
lated nonylphenol. The fractiins had ethylene oxide mole 
ratios of 10.7 and 7.6. The fractions were obtained from 
parent detergents having average ethylene oxide mole ratios 
of 9.5 and 6.0, respectively. b Weight percentages of the 
blended detergents, of composition given in the first column, 
present in the aqueous solution!.,

tergent.s having properties most desirable for 
specific applications.
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Mass spectroscopy is biing employed with in­
creasing frequency in the analysis of solids. For 
general analytical work, the vacuum spark between 
electrodes of the sample is proving to be a quite 
satisfactory positive ion source. This is a high volt­
age device (50-100 kv.) and produces not only 
multiply charged atomic i ms but also ions of mo­
lecular species. For instance, singly charged clus­
ters as large as nine silicon atoms corresponding to 
mass 252 have been recorded.1

The high sensitivity foi the detection of trace 
components makes the vacuum spark mass spec­
trograph a useful instrument for the detection and 
identification of molecular species despite probable 
fragmentation of such species by the high voltage

(1) R. Brown, R. D. Craig, J. A. Jsames, and C. M. Wilson, Confer­
ence on the Ultrapurification of Semiconductor Materials, Boston, 
Massachusetts, April, 1961.
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spark. In the course of work on III-V compounds 
the familiar molecular species corresponding to two 
or more atoms of the Group III element were ob­
served as well as those corresponding to two or 
more of the Group V element. In addition to these 
expected species, we wish to report the detection 
of new molecular species in the vapor phase—ones 
which we believe have not been reported previously 
in the literature. These molecules contain both 
Group III and Group V atoms.

Table I lists the molecular species observed in 
gallium phosphide and gallium arsenide in the order 
of decreasing concentration observed. The most 
abundant species is very roughly estimated to be at 
concentrations ten thousand times that of the least 
abundant species. It should be emphasized that 
these molecular species in this concentration range 
are revealed by their positive ions and no allowance 
has been made for the fragmentation of these species 
that may be appreciable in the vacuum spark. 
Furthermore, it is possible that these species are 
formed only as positive ions. The species reported 
here may or may not exist in a vapor phase in equi­
librium with the solid phase.

The mass spectrometer has been used previously 
to study gas phase species over GaP2 and GaAs.3

T able  I
M oleculah Species Obsebved  in  III-V  C ompounds

Gallium phosphide Gallium arsenide

p 2 As2
Ga2, P3, P4 GaAs, Ga2, As2
GaP Ga2As
Ga2P
GaP2

A heated source was used rather than the vacuum 
spark. No compound molecular species contain­
ing Group III and V atoms were reported. Studies 
also have been made of InAs,2 GaSb,2 InP,3 and 
InSb.4 The molecular species InSb and InSb2 
were reported. In no other system was a com­
pound molecular species observed. The species 
observed in GaAs and listed in Table I also were 
detected by J. R. Woolston6 by vacuum spark 
mass spectrometry.

(2) P. Goldfinger, M. Akerman, and M. Jeunehomme, Final Report 
under contract AF 61(052)-19, ARDC (January, 1959).

(3) J. Drowart and P. Goldfinger, J. chim. phys., 55, 721 (1958); 
also, P. Goldfinger and J. Drowart, Final Report under contract 
AF 61(514)-868, ARDC (October, 1957).

(4) G. DeMaria, J. Drowart, and M. G. Inghram, J. Chem. Phys., 31 
1076 (1959).

(5) J. R. Woolston, RCA Laboratories, Princeton, New Jersey, 
private communication.
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E P R  A T  W O R K  S E R I E S

EPR observation of NH3+formed by x ray irradiation of ammonium perchlorate crystals

Ammonium perchlorate is a compound of particular interest in 
the world of missile technology. Freeman et al(l! have report­
ed profound changes in the stability or chemical reactivity of 
ammonium perchlorate crystals following x ray and Y ray 
irradiation. An EPR investigation was undertaken in an effort 
to understand the nature of the radiation damage in these 
crystals12̂ .

The figure shows the EPR spectrum obtained at room tempera­
ture from a single crystal of irradiated ammonium perchlor­
ate. The spectrum is that expected from hyperfine interaction 
with one nucleus of spin 1 and three equivalent nuclei of spin 
y2/ and almost certainly arises from an unpaired electron spin 
strongly localized on an NH3 molecule. Contact with the nitro­
gen nucleus splits the spectrum into three lines of equal spac­
ing and intensity, and contact with the three equivalent pro­
tons splits each of these three lines into a quartet of equally 
spaced lines with intensity ratios of 1:3:3:1. This analysis is 
illustrated in the figure. From consideration of the energies 
involved, it is probable that the radical is a positive ion, al­
though the EPR technique would not distinguish it from a 
negative ion.

The discovery of the NH3 positive ion has considerable intrin­
sic interest since it is a new member of the widely investigated 
ammonium system. Not only are the values of the splitting 
constants of significance to the theoretical chemist, but also 
the center was stable at the highest temperatures reached by 
Hyde and Freeman (+125°C) and it seems likely that further 
work at higher temperatures will permit correlation with the 
reactivity studies of Freeman.

(1) E. S. Freeman and D. A. Anderson, J. Pkys. Chem. 63, 
13hh (1959). E. S. Freeman, D. A. Anderson, and J. J. 
Campisi, J. Phys. Chem. 64,1727 (1960).

(2) J. S. Hyde and E. S. Freeman, J. Phys. Chem. 65, 1636 
(1961).
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