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THE REACTION RATES OF POLYSILICIC ACIDS WITH MOLYBDIC ACID

By T. L. O'Connor

lonics, Incorporated, Cambridge, Massachusetts
Received August 10, 1960

The reaction rates with molybdic acid of polysilicic acids derived from sodium silicate solutions of various mole ratio,

concentration and age are reported and approximate kinetic equations derived.

In addition, the reactions of polysilicic acid

of known chemical composition generated from chlorosiloxanes were studied and the kinetics for the rate of color develop-

ment with molybdic acid derived.

Non-cyclic polysilicic acids develop full color in less than five minutes whereas those de-

rived from silicate anions present in sodium silicate solution require up to several hours.

Introduction

In 1950, Weitz, Franck and Scbuchardl dis-
covered that the yellow colored silicomolybdate
complex utilized in the colorimetric analysis for
Si02is formed only from monosilicic acid and that
monosilicic acid reacts to give full color develop-
ment in about 75 seconds. Alexander,2 Goto,3
Richardson and Waddams4 as well as Weitz and
co-workers have used the method to estimate the
monomer content of various silicate solutions and
colloidal suspensions. In this earlier work, it was
found that in solutions containing silicate species
other than monomer there is a rapid initial color
development followed by a relatively slow color
development. The slow color development is a
result of the rate-limiting step of release of mono-
mer from polymerized species such as colloidal
silica or polysilicic acids. The monomer content
of the original solution is estimated from the
color developed two minutes after mixing or by
extrapolation of the slow portion of the color de-
velopment curve to zero time. Very little work
has been reported on the kinetics of the reaction for
species other than monosilicic acid. In this regard,
Weitz and co-workerslas well as Alexander2 have
reported that disilicic acid reacts to give complete
color development in about ten minutes.

In the present study the rates of reaction with
molybdic acid of silicate anions existing in several

(1) E. Weitz, H. Franck and M. Schuchard, Chemiker Ztg., 20, 256
(1950).

(2) G. B. Alexander, J, Am. Chem. Soc., 75, 5655 (1953).

(3) K. Goto, This Journat, 60, 1007 (1956).

(4) E. Richardson and J. A. Waddams, Res. Corr. Suppl. to Research
(London), 7, 42 (1954).

types of sodium silicate solutions of different mole
ratio (Si02Na2) and concentration have been
quantitatively measured and analyzed. In addi-
tion, simple polysilicic acids prepared from non-
cyclic chlorosiloxanes have been studied and the
kinetics of depolymerization and reaction to form
silicomolybdate complex derived.

Experimental

Materials.— The sodium silicate solutions used in the work
were commercial silicates manufactured by the Diamond
Alkali Company. Chlorosiloxanes were prepared according
to the method of Schumb and Stevensband were purified by
fractional distillation. The boiling points were for Si20CI6
137° (760 mm.), Si® 2CI8 82°(12 mm.), Si40 Cl,, 97° (4
mm.), Si@04Cl12131° (4 mm.), and SieOsClu 154°(3 mm.).

Procedure.— The molybdic acid reagent used in the work
was prepared as described by Alexander2 and produces /3-
silicomolybdate anions as shown by Strickland.6 A 10 to
25-microliter sample of silicate solution or chlorosiloxane was
added instantaneously to 100 to 300 ml. of a well agitated
solution of molybdic acid reagent at 25°. After 30 seconds
of mixing, a portion rvas transferred to a one cm. quartz cell
and the rate of color development at 400 mji recorded with a
Beckman Recording Spectrophotometer (D K-2) for a period
up to six hours or to full color development. The tempera-
ture was maintained at 25 + 0.5°.

A sample of the /3-silicomolybdate formed in each case was
placed in a polyethylene bottle and heated for several hours
at 90° until complete conversion to «-silicomolybdate had
occurred. A total silica analysis then could be obtained from
the optical density of the stable «-complex. Both species
were shown to obey Beer’s law, and the ratio of extinction
coefficients was found to be 1.77 with standard samples of
Si02 prepared by dissolving Mallinckrodt S. L. Silica in
dilute caustic.

(5) W. C. Schumb and A. J. Stevens, J. Am. Chem. Soc.,
(1950).
(6) J. D. Strickland, J. Am. Chem. Soc., 74, 863 (1952).

72, 3178



Time, min.
Fig. 1.— Effect of Si02:Na2 mole ratio on the rate of
reaction of polysilicic acids from sodium silicate solutions.
Numbers on curves are SiCVNasO ratios.

Time, min.
Fig. 2.— Reaction rate of 3.3 ratio sodium silicate with
molybdic acid. Solid curve experimental; dashed curve
calculated from p — poe~kl'; + points from equation 7.

Results

Rate of Reaction of Concentrated Sodium Silicate
Solutions as a Function of Si02 Na>0 Mole Ratio.
—In Fig. 1 the relative rates of reaction of various
sodium silicates with molybdic acid are shown as a
function of the change in optical density of the

T. L. O'Connor
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solution. The ordinate is a measure of the per cent.
Si02 remaining uncomplexed by molybdic acid,
where OD+t is the total optical density of /3-complex
corresponding to the total amount of Si02 present
and 0Dt is the instantaneous optical density re-
corded as a function of time. It is evident that the
higher the mole ratio, the slower the rate of color
formation. As has been pointed out in numerous
investigations, the higher ratio sodium silicate solu-
tions contain increasingly more complex anions
which are slow to depolymerize to monosilicic acid
necessary for the formation of silicomolybdate
complex.

On following the color development for much
longer times than shown in Fig. 1, the color is found
to reach a maximum and then decrease. This
decrease in color is due to transformation of the /3-
silicomolybdate complex, initially formed, to a-
complex which has a lower extinction coefficient.
Thus, the curves in Fig. 1 are not a quantitative
measure of the amount of Si02 remaining uncom-
plexed because of the continuous conversion of 3-
complex. Strickland6 has studied the conversion
and reported that the rate of conversion appears to
be first order in the amount of /3-complex present.

This transformation was quantitatively evaluated
in the present study by preparing essentially pure
d-complex from a standard solution of monosilicate
anions and following the color change over a period
up to eight hours at 25°. The concentration of ;3-
complex remaining was calculated from the equa-
tion

~ 1.77(0ODt) — OD max
01)3 = 0/77 (1)

asssuming the recorded optical density as a function
of time (ODt) is the sum of the optical densities of
both species wdiose extinction coefficients are in the
ratio beta;alpha equals 1.77. ODnex is the ini-
tially attained maximum optical density where all
the silica is present as /3-complex. The amount of
/3-complex remaining as a function of time was
found to obey first-order kinetics according to the

equation
InODt = In ODmax — Ao (2)

In Table I, the values of f0 for various
amounts of /3-complex are given.

initial

Table |

Values op kOfob the Convebsion of /3-Silicomolybdate
Complex to ™-Silicomolybdate at 25°

Mg. SiOi/lOO ml. ODmax ke, min. 1
0.213 0.078 1.18 X 10"3
.639 .238 1.15
.852 311 1.21
1.704 .601 1.13
2.560 .930 1.17
Av. 1.17

In Fig. 2 the color development curve for a 3.3
ratio sodium silicate is shown on an expanded time
scale over the first 35 minutes as well as the com-
plete curve. After the initial rapid color develop-
ment,(10to 15min.), 100(ODt —ODt)/ODT appears
to reach a straight line relationship with time and
then continually decrease in slope. Part of the
deviation from a straight line relationship in the
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later stages of color development certainly is due to
disappearance of /3-complex. In order to approxi-
mate a correction for the decrease in color as a
result of complex transformation, the sodium sili-
cate solution is assumed to contain two species,
one which depolymerizes rapidly and another more
slowly. The species reacting more slowly to pro-
duce color is assumed to be polymeric with the rate-
limiting step depolymerization to monosilicic acid.
The dashed line in Fig. 2 gives the expected color
development if no transformation occurred and the
depolymerization of polymeric silica is according to

P = Poe-*1 ?3)
The optical density of the solution (ODY) is
ODt = 63+ 0565e<* (4)

According to the mechanism proposed, the per
cent, «-complex is

a —100 — P&-*li — 3 (5)

assuming the initial rapid formation of color is
instantaneous and therefore /3Gzquals 100 —Po. The
rate of change of /3-complex is given by the differen-
tial equation
dp/dt = kp —k® = FiPoe**F—hp (6)

where /gp is the rate of formation of /3-complex
from depolymerizing polysilicate species and 3 is
the rate of disappearance of /3-complex due to con-
version to «-complex. On substituting the equality
for a (equation 5) into equation 4 and then for /3
from the integration of equation 6 the optical
density of the solution expressed as a percentage of
the total optical density if all the silica were con-
verted to /3-complex is

% color developed = j» ' 0.565J Poe“*T +

0.435 [100 - po (I + ek + 565 (7)

The expression 100(ODT — ODt)/ODx is de-
rived by subtracting the value obtained in equa-
tion 7 from 100. In Fig. 2 equation 7 is shown to
fit the experimental data fairly well when ki is ob-
tained from the initial staight line portion of the
experimental curve and ko is 1.17 X 10~3 min.“1
for the transformation of /3-complex to a.

Rate of Reaction of Simple Polysilicic Acids.
—In Fig. 3 is shown the effect of dilution of a so-
dium silicate on K\ and Po when a 3.3 ratio silicate
is diluted from 30 to 2 per cent. Si02 Each of the
data points is the average of five measurements
carried out 2 min., 2 hours, 1 day, and 2 weeks
after dilution, h was obtained by graphical solu-
tion of equation 7 and Po by extrapolation. Dur-
ing the aging period, the samples were kept at 25°.
No significant change in kh PO or pH was observed
over this period. The effect of dilution therefore
rapidly established a new equilibrium which is
stable for at least two weeks.

The per cent, silica remaining uncomplexed by
molybdic acid for the reaction with disilicic acid is
shown in Fig. 4. Approximately 99% of full color
development occurred in five minutes. The shape
of the curve is different from those obtained with
sodium silicates. A rate curve of this shape is con-
sistent -with the assumption of two rate-limiting
steps, hydrolysis of the siloxane bond to yield two

Reaction Rates op Polysilicic Acids with M olybdic Acid 3

Fig. 4.— Reaction rate of disilicic acid with molybdic acid.
Curve experimental; points calculated from equation 11.

monomers and reaction of the monomers with
molybdic acid to yield /3-complex. In reactions
going to completion in five to ten minutes, the jSto
a conversion is of no concern.

If it is assumed that dimer hydrolyzes to mono-
mer according to the first-order rate law, the con-
centration of dimer (D) is given by

D = DG&-k* ®)
The rate of change of monomer (M) is

n = 2hD - k,M 9)

where 2k is the rate of formation of monosilicic
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Fig. 5.— Reaction rates of trisilicic acid, +, tetrasilicic
acid, G, and pentasilicic acid, ©, with molybdicacid :---- y
curve calculated from equation 12 for pentamer;, —- e—,
calculated for dimer.

70

50"

40 ;
30

20

10

Fig. 6.— Comparison of I/fa (bottom curve) with molecular
weight (upper curve).

acid from disilicic acid and k%M is the rate of dis-
appearance of monomer through formation of 3
silicomolybdate complex. The per cent, of full
color development is given by

100 — 2D — M

where D is the per cent, of the total silica present as
dimer and M is the per cent, present as monomer
when initially 100% of the silica is dimer. Integra-
tion of 9 and substitution in 10 gives equation (11)
for the per cent, color developed

% color development = (10)

Vol. 65

fa
fa_ fa
(@M —e=i)]

% color developed = 100 -M

(11

The equation was solved graphically for f©2and 3
from the experimental data and the points indicated
in Fig 4 calculated from the values. The equation
describes the experimental data very well with the
constant f2equal 1.09 min.-1 for the hydrolysis of
the siloxane bond and ks equals 1.87 min.-1 for the
reaction of the monosilicic acid generated with
molybdic acid to form colored complex. The value
for h agrees fairly well with that reported by
Alexander,22.3 min.-1.

The next four higher polysilieic acids up to hexa-
mer all showed similar color development curves
with only slightly longer reaction time. The same
mechanism shown to quantitatively describe the
rate of color development with disilicic acid applied
to the higher polymeric acids gives the general
equation

% color developed = 100 — — |(n — 2)e “»+

@2n — 2)e~klt + (2n — 2)fae~ilt —
(2n - 4)fcj 2fa(nfa - fa)e~k>

fa - 2fa 6 + (fa - 2fa)(fa - fa) (12)

where n is the number of Si0O2units making up the
polysilieic acid, f2 is the rate constant for the
hydrolysis of siloxane bonds, and k$is the rate con-
stant for reaction of monosilicic acid with molybdic
acid. According to these kinetics, the disappear-
ance of a particular silicic acid species is directly
proportional to the number of siloxane bonds pres-
ent. Therefore, trimer disappears from solution
at twice the rate of dimer. However, the complete
breakdown of trimer to monomer is somewhat
slower than dimer because two siloxane bonds must
hydrolyze.

The experimentally determined silica remaining
uncomplexed as a function of time, 100(ODt
—ODJ/OD+t is given in Fig. 4 for tri, tetra- and
pentasilicic acids. A calculated curve for pentamer
using equation 12 with the constants k. and ks fits
the experimental data fairly well for this species.
Calculated curves for the other polysilieic acids are
of the same shape and fall between the dimer and
pentamer.

Discussion

The rate of depolymerization of non-eyclic silicic
acids in molybdic acid is only slightly affected by
increasing complexity up to the hexamer as shown
by the rate of reaction of these silicic acids to form
the colored silicomolybdate complex. Monosilicic
acid (mol. wt., 96) develops 90% of full color in
about one min. and pentasilicic (mol. wt. 408) acid in
about 3.5 minutes. As has been shown for a num-
ber of linear organic polymers,7 the rate of depoly-
merization of a particular polysilieic acid is first
order in the number of linkages present. The rate
of color development is thus a function of two first-
order reaction rate constants, one for the hydroly-
sis of siloxane bands and one for the first-order
reaction of monosilicic acid, released by depoly-

@) H. Marx and M. V. Tobolsky, “Physical Chemistry of High

Polymeric Systems,” 2nd Edition, Interscience Publishers, Inc., New
York, N. Y., 1950, Ch. XI11.
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merization with molybdic acid to form colored
complex. This also applies to disilicic acid where an
earlier investigation by Alexander2 indicated that
color development was first order only in the
amount of disilicic acid present. Apparently the
disilicic acid prepared by Alexander was con-
taminated with some monosilicic acid in which
case it is difficult to analyze the color development
curve. The polysilicic acids prepared in the present
work were assumed to be linear and the Kinetics
derived on this basis. The presence of branched
acids would affect the kinetic analysis but to a de-
gree probably not detectable within the experimen-
tal accuracy.

The results found with the polysilicic acids show
in regard to the nature of concentrated sodium sili-
cate solutions, above a Si02:Nad ratio of two, that
the bulk of the silicate is present as three dimen-
sional anions. Non-cyclic silicic acids depolymerize
rapidly, less than five minutes, whereas the poly-
silicic acids derived from the polysilicate anions
existing in sodium silicate require up to several
hours for complete depolymerization.

Assuming the rate of depolymerization is in-

The Stlow Change in Turbidity of Sodium Silicate Solutions 5

versely proportional to the molecular weight of the
anions present in sodium silicate, 1/ki shows a
dependence on SiO2NadD ratio similar to the
estimated molecular weights from light scattering
as reported by Nauman and Debye.8 This compari-
son is shown in Fig. 6. The present study shows,
however, that dilution of a sodium silicate solution
results in a very rapid equilibration, indicative of
depolymerization, to a state which is stable for at
least two weeks. On dilution to below 10% (in the
range 10 to 2% Si029 for a 3.3 ratio sodium silicate
there is an accelerated effect on depolymerization of
the polysilicate species. No effect of method of
preparation or age could be shown for commercial
silicate of 2.4 ratio by reaction kinetics with molyb-
dic acid.

Acknowledgments.—The financial support and
contribution of sodium silicate samples by the Dia-
mond Alkali Co. is gratefully acknowledged as well
as the work of J. Eisenman of lonics who prepared
the chlorosiloxanes and J. B. Frederickson and D.
Kingston who made many of the measurements.
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Concentrated sodium silicate solutions in the 1-4 Si02N a2
found to have rather stable turbidities over periods of months to a year.
slowly increasing turbidities generally accompanied by a small but significant pH increase.

ratio range containing 35% or more silicate have been
Dilute solutions in the same ratio range have

The turbidity increases are

believed to be real and probably result from a very slow polymerization of silicic acid formed by hydrolysis of the silicate

ions with OH ~ formation.

Introduction

During our light scattering
of particle size in sodium silicate solutions investi-
gations of the turbidity stability of both the con-
centrated stock silicate solutions and those solu-
tions used for the molecular weight determinations
were necessary. No significant turbidity changes
were found during the few hours to a few days
time that was required to perform a series of experi-
ments after solutions were made from the concen-
trated stock solutions, and thus it was possible
to determine molecular weights characteristic of
freshly prepared solutions. Fortuitously the tur-
bidities of some solutions were measured after
much longer time intervals, and turbidity increases
were observed. These observations led to our
studying these turbidity changes whenever pos-
sible for long periods of time. Recent conversa-
tions5 indicated that these studies are of such in-
terest as to warrant presentation at this time.

(1) This work was supported by the Sodium Silicate Manufac-
turers' Institute.

(2) P. Debye and R. V. Nauman, J. Chem. Phys., 17, 664 (1949).

(3) R. V. Nauman and P. Debye, This Journait, 65, 1 (1950).

(4) P. Debye and R. V. Nauman, unpublished reports to the
Sodium Silicate Manufacturers’ Institute, 1948-1952.

(5) Symposium on Colloidal Silica and Silicates, 137th Meeting
American Chemical Society, Cleveland, Ohio, April 13 to 14, 1960.

investigations234

Experimental

In the main the experimental procedures have been re-
ported previously.3 The silicate solutions were stored
under nitrogen in polyethylene bottles that were coated
with Glyptal. AIll bottles containing solutions that were
used for periods longer than a week were stored in large
sealed desiccators that were periodically flushed with nitro-
gen.

Before each turbidity measurement the solution was fil-
tered through platinum by nitrogen pressure. The plati-
num filters were cleaned by reverse flushing with sodium
hydroxide solution and washing with distilled water.

Results and Discussion

Initially the stability of the turbidity of the con-
centrated stock solutions was assumed because of
the reproducibility of the turbidity of solutions
freshly prepared from them. Consequently quan-
titative results are available for only those stock
solutions used in the latter stages of our investiga-
tions. Table | summarizes the observations.
The first observation is that of the day the solu-
tion was first used; the age of each solution is
unknown but the reported age is based upon time
from day of first use. The precision of these meas-
urements is not high because it is difficult to clean
solutions of such high concentration and the same
portion of the solutions was not used for all obser-
vations. The turbidity decreases probably are
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caused by removal of minute amounts of very large
particles; in the case of the 2.03 ratio the nitra-
tions produced a residue that appeared to be un-
dissolved quartz, but none of the other solutions
gave any detectable residue. The 2.03 ratio was
analyzed after the final low turbidities were ob-
tained and a 1.98 ratio was found; analyses of the
other ratios showed no change or an insignificant
increase in ratio. A few other isolated experi-
ments were consistent with the conclusion that the
stock solutions, once cleaned, have relatively
constant turbidities.

Attempts to reproduce turbidities of dilute solu-
tions were uniformly unsuccessful unless freshly
diluted solutions were compared. An examination
of the irreproducible results indicates an age de-
pendence; as a result a few tests of the aging
hypothesis were made, but a complete study was
essentially prohibited by the time required for
significant observations.

The pH measurements indicated that the meas-
ures used to prevent carbon dioxide contamination
were successful. In addition a solution was pur-
posely contaminated with carbon dioxide. A com-
parison of results with this solution with those of
one identical except for dilution with pure water is
shown in Table Il. The carbon dioxide has a
definite initial effect on both turbidity and pH
but otherwise their behaviors are similar. It is
felt that carbon dioxide contamination could not
possibly cause the turbidity increases that are ob-
served in all cases.

Table 111 summarizes the only systematic study
of the gradual turbidity increase; it was made with
the 3.75 ratio because the qualitative results indi-
cated that the turbidity increases at a given Si02
concentration were greater in the higher ratio solu-
tions. At the time of mixing the turbidities and
pH’s increase with increasing concentration as
expected in this concentration range. In all
cases there is a marked pH increase in the initial
stages. The more concentrated solutions show
turbidity stability for greater lengths of time, but
the turbidity increase once begun results in higher
values in the more concentrated solutions. This
turbidity stability at higher concentrations is
consistent with the observations in the stock
solutions.

The Stow Change in Turbidity of Sodium Silicate Solutions 7

Table 1V gives results obtained from two 3.75
ratio solutions that were sealed permanently under
nitrogen in glass scattering cells. After nearly
three years the seal of the glass test-tubes was
broken, and after cleaning the tubes showed no sign
of reaction with the silicate. The results from
solutions kept in glass essentially confirm the results
obtained from those in polyethylene. The 0.0122
g./cc. solution probably was not well cleaned but
otherwise behaved as expected.

Table IV

Turbidity Changes of 3.75 Ratio Sodium Silicate

Solutions in Glass (Ages Are in days)

0.0122 g./cc. 0.204 gVce.
Age t X 104 ge TX 10*
0 1.66 0 0.67
1 3.28 i 1.50
8 4.65 8 4.78
19 4.89 19 5.65
42 5.SI1 42 6.25
279 7.12 279 12.68
930 7.85 930 13.24

From these results it is concluded that the tur-
bidity changes are real and are the result of a very
slow polymerization6of silicic acid formed by a more
rapid hydrolysis of silicate ions indicated by the
pH changes. It is highly unlikely that the tur-
bidity increase is caused by reaction with the con-
tainer, contamination by carbon dioxide or any other
interaction with the surroundings. Seme of the
turbidity increase after very long storage and re-
peated very brie: exposures to the atmosphere
may be caused by carbon dioxide contamination
as indicated by small pH decreases in some cases,
but this influence seems to be minor. It should be
pointed out that if one observed many of these sili-
cate solutions for only a few days or less, which for
many experiments might seem to be a long time,
one might conclude easily that a stable turbidity
had been obtained from a solution that was chang-
ing too slowly for detection during the observa-
tion interval.

(6) For a discussion cf polymerization in other circumstances see

R. K. ller, “Colloidal Chemistry of Silica and Silicates,” Cornell

University Press, Ithaca, N. Y., 1955, pp. 36-55.
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THE REFRACTIVE INDICES OF SODIUM SILICATE SOLUTIONS1

By P. Debye and Robert V. Nauman

Department of Chemistry, Cornell
University, Ithaca, New York

Department of Chemistry, Louisiana
State University, Baton Rouge, La.

Receivtd August 10, 1960

The refractive indices of sodium silicate solutions of varying Si02N a20 ratio were measured relative to that of water by

means of a differential refractometer.

A useful three-constant equation for the concentration dependence of the differential
refractive index as a function of SiCh/NasO ratio was derived;

two of the constants were determined by putting a least

squares curve through the experimental results obtained from solutions of very pure sodium silicates in the 1.0 to 4.0 ratio

range; the third constant was evaluated theoretically.
[Ratio + 1.034].

The resulting equation is (y — yo)/c =
This equation fits the data better than one in which all three constants were evaluated experimentally and
is valid even in the 5.0 to 53.2 ratio range in which no data were used for the evaluation of the constants.

[0.0698(Ratio) + 0.4421]/

By means of this

equation the refractive index of any dilute aqueous sodium silicate solution of any ratio can be estimated with good accuracy.

Introduction

During our light scattering investigations234%
of sodium silicate solutions differential refractive
indices were needed repeatedly. Rarely were the
same refractive indices needed, and in order to
eliminate the need for a multitude of measurements
a general study of the refraction of sodium silicate
solutions was made so that frequently needed re-
fraction information could be calculated from re-
sults obtained from a limited number of measure-
ments.

Experimental

The refraction measurements were made with a differential
refractometer described by P. P. Debye6 modified only by
cell simplification. The measurements were made in a
room thermostated to 20°.

The sodium silicates were prepared by the member
companies of the Sodium Silicate Manufacturers Institute
by fusing crystal quartz with C.p. Na2C 03 or NaOH.
The melts were dissolved in steam under pressure, and the
silicates were stored as very concentrated solutions in
polyethylene containers under nitrogen. Shortly before
or after the refraction measurements the filtered stock
solutions were analyzed for Si02 Na2d and CO02 by con-
ventional procedures. All stock solutions were analyzed
spectroscopically for all elements to which the method was
applicable. AIll impurities in all cases totalled less than
0.3% and were usually appreciably less; the major impurity
was CO02.

The solutions used for refraction measurements were made
by diluting weighed quantities of analyzed stock solutions
of a given ratio to calibrated known large volumes with
conductivity water or C.p. HC1 solutions of predetermined
concentration.

Table |
Differential Refractive Indices of Sodium Chloride
Solutions
Concentration, ¢ n —ro
NaCl (g./cc. X 10») X 10* (n - no)/c
3.749 6.73 0.1795
5.468 9.83 .1798
7.498 13.18 .1758
7.920 14.06 1775

From these and other data {y — yt)/c = 0.178 =
y is refractive index of solution
yo is refractive index of solvent

0.002

The refraction of the high ratio silicates prepared from
the stock solutions and HC1 was determined by difference;
the differential refractive index of the solution compared

(1) This work was supported by the Sodium Silicate Manufac-
turers Institute.
(2) P. Debye and R. V. Nauman, J. Chem. P hys 17, 664 (1949).
(3) R. V. Nauman and P. Debye, This Journat, 55, 1 (1951).
(4) P. Debye and R. V. Nauman, unpublished.
(5) P. P. Debye, J. Applied Phys., 17, 392 (194GL

with water was measured and the contribution of NacCl
was subtracted. This contribution was calculated from
equation 1 which was obtained from data of the Kkind

y —y0- 0.01043 M (M = (1)

shown in Table I. The concentration of NaCl in a high
ratio silicate was calculated from the known analyses of
the stock silicate and the HC1 and the dilution data.

The refraction of at least four or five solutions of dif-
ferent concentrations was measured for each ratio silicate
used in the determination of *he constants of equation 6.
The slope of the best line through the pointsof ay — Yo VS. ¢
plot was taken for the (y —yo)/c value. Concentrations,
C, are givening./cc.

molarity of NaCl)

Development of the Equation

Additivity of the refractions of atoms having
common surroundings has been assumed. In the
dilute solutions considered here experimental
error makes a more rigorous assumption unneces-
sary. A sodium silicate that contains by analysis
pSi02 molecules for gNad molecules (ratio p/g)
will contain atoms in the proportion pSi atoms,
2gNa atoms, and (2p + @)0 atoms. All of the
0 atoms do not have the same surrounding elec-
tron distribution; consequently the polarizabilities,
a0, of all the O atoms will not be the same. Two
gO atoms will be essentially in the form of O- ions
in order to compensate for the 2gNa+ ions. In
these dilute aqueous solutions the silicates can be
considered to be essentially dissociated because,
even if the anions are aggregated and attract a
surrounding cloud of Na+ ions, the charged
oxygen atoms will not be bound to a specific Na+
and as a first approximation all the charged O
atoms can be considered to have the same polariz-
ability. The rest of the oxygen atoms, (2p — Q)
in number, are -O - atoms which link Si atoms.

It is assumed that a solution contains per cc.
a number n of hypothetical (Na2)a(Si02)p mole-
cules. As a first approximation reaction fields
may be ignored, and the differential refractive
index can be represented by

y —yo — not 2
in which a is the polarizability of the molecule.
This equation6is strictly applicable only for dilute
gases, but the manner in which it is used hereafter
makes it applicable as a first approximation in
dilute solution. Assuming that the polarizability
of the molecules in solution can be represented by
(6) P. Debye, “Polar Molecules,” Dover Publications, New York.
N. Y., pp. 11-20, gives an equation which reduceston —nmo” n —

1 "= 2irncr for dilute gases. The method of use shows that the adapta-
tion used here is acceptable.
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the polarizabilities of the different kinds of atoms
in the solution one obtains
M- no = npa$\ + 2nqcwa* + 2ngao— h (2p — (i)nct-. (_
3
The concentration c in g./cc. can be represented by
C = npmSi + 2ngmru + n{2p + g)mo 4
in which msi, msa, and mo are the masses of Si,
Na, and 0 atoms, respectively. Combination
of equations 3 and 4 gives
M~ Nb _ ?[<*8i + 2ar-0_] + g[2orNa+ + 2ap-—-0-0-]
c p[ma\+ 2mo] + q[2mNa+ mo]
®)
After rearrangement equation 5 can be represented
by
4 (Ratio) + B
Ratio + ¢ '

u —no_Ap/q + B
c p/qg + C

A and B are constants which contain the unknown
polarizabilities and the masses of the atoms and
cannot be evaluated theoretically. C is (2mNa +
wio)/((msi + 2mo) and from the known atomic
masses is calculated to be 1.034.

Results and Discussion

The experimental refraction results are sum-
marized in Table Il. Only the results in the 1 to
4 ratio range were used in the determination of the
constants A and B of equation 6. The results at
higher ratios were not obtained from pure sodium
silicates because solutions of these ratios are not
stable; our measurements were made on solutions
that contained NaCl, and because the results are
obtained as small differences between two experi-
mental results they are consequently not as reliable
as those from solutions of the lower ratios. The
0.478 ratio results were not used because the as-
sumption of (2p — g)-0-atoms is not valid below
ratio 0.5, and in addition there was considerable
doubt about the analyses of this ratio. A least
squares treatment of the results in the 1 to 4 ratio
range gave A = 0.0698 and B = 0.4421; equation
6 becomes

—jg 0.0698Ratio + 0.4421
—cC Ratio + 1.034

Refraction results calculated from equation 7 at
selected ratios also are given in Table Il. The
calculated and measured results agree very well
even at high ratios in which range no experimental
results were used for the evaluation of the constants.
The indicated errors in Table Il are most probable

The Refractive Indices of Sodium Silicate Solutions 9

values calculated by a statistical analysis of error
from all sources.

Tabte Il
Measured Calculated
Ratio & — )c (m — im/c
0.478 zfc 0.005 0.285 + 0.03
0.50 0.311
1.00 2.48
1.10 + .005“ 242 £ 006
1.50 216
1.98 = .02“ 190 + .004
2.00 192
2.50 175
251 + .01 176 +  .004
2.85 + .01 164 £ 003
3.00 162
3.32 + .01 156 = .002
3.36 + .01 157 £ .003
3.50 152
3.64 * .3 144 £ .002
3.75 + .01» 144 =+ .002
3.79 + .2 144 =+ .002
3.80 * .01 144 + 001
4.00 143
4.5 £ 3% 126 + .007
4.50 137
4.82 15* 123 £+ .006
494 + .36 127 £+ .007
5.00 131
9.5 + 97 .098 + .01
10.0 103
20.0 .087
29 + 106 .076 + .008
34.2 + 1.5% .076 = .009
35.0 .080
40.9 + 2Ai 074 + .01
50.0 077
53.2 + 9.01 072 £ .01
100.0 073

“ Results used to calculate constants A and B in equation
6. 6Measured solutions contained NaCl; equation 1 used
to correct measured p —nofor —no of NaCl.

Attempts to calculate all three constants of
equation 6 from experimental results did not give
as satisfactory a fit in all regions as did the adopted
procedure. Equation 7 has been used repeatedly
with good success to calculate refraction infor-
mation needed in light scattering studies. It is
felt that for most uses the equation will give gener-
ally satisfactory results for all ratios above 1,
it should not be used at ratios much lower than
ratio 1
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An empirical study of the particle growth as indicated by turbidity changes of sodium silicate solutions to which hydro-

chloric acid was added has been made.

tion.
reversed by sodium hydroxide addition;
cate that the particles are loose permeable aggregates.

Introduction

Many studies2 of the aggregation of sodium sili-
cates to gels have been made by classical tech-
niques. Greenberg and Sinclair have made light
scattering studies3 of the polymerization of 1:1
ratio silicate upon the addition of ammonium
acetate. The studies described here include work
done with the 1:1 ratio silicate as well as some higher
ratio silicates, but in this work aggregation was
stimulated by addition of hydrochloric acid.
The term aggregation is used instead of polymeri-
zation because the low particle density found from
viscosity measurements and the very rapid de-
crease of the greater part of the turbidity increase
upon addition of sodium hydroxide indicate a much
looser accessible structure for the aggregates than
that which would be expected to exist if poly-
merization by formation of Si-O-Si bonds occurred.
A slower polymerization probably also occurs to
a minor extent. Gels rarely were formed in this
work. A few exploratory experiments during our
previous work4b indicated that there can be pro-
duced large particles nearly as stable as those in
the low ratio range.6 This work was undertaken
primarily to study the conditions of stability of
large particles in high ratio (>4) sodium silicate
systems.

Experimental

The experimental techniques in the main have been de-
scribed previously.66 A sleeve type calomel electrode was
used in the Beckmann Model G pH meter in order to pre-
vent clogging of the capillary by large particles. The type
E electrode was used above pH 8 and the regular electrode
below pH 8; the electrodes were stored in water, dried
with absorbent cloth briefly, and placed immediately
with brief swirling in the solution to be measured. Measure-
ment was begun immediately and was continued for a
few minutes until no observable change in repetitive meas-
urements occurred. The normal procedure led to erratic
results; the adopted procedure gave reproducible results
and accurate results for buffer solutions.

The solutions were stored under nitrogen in Glyptal
coated polyethylene bottles that were kept in nitrogen-

(1) This work was supported by the Sodium Silicate Manufac-
turers’ Institute.

(2) Forreviewssee R. K. ller, “Colloidal Chemistry of Silica and the
Silicates,” Cornell University Press, Ithaca, N. Y., 1955; W. Eitel,
“The Physical Chemistry of the Silicate Systems,” University of Chi-
cago Press, Chicago, 111, 1954; J. G. Yail, “Soluble Silicates,” Rein-
hold Publ. Corp., New York, N. Y., 1952.

(3) S. A. Greenberg and D. Sinclair, T his Journal, 59, 435 (1955)

(4) P. Debye and R. V. Nauman, J. Chem. Phys., 17, 664 (1949).

(5) R. V. Nauman and P. Debye, This Journal, 55, 1 (1951).

(6) P. Debye and R. V. Nauman, ibid., 65, 5 (1961).

Dilution of the more stable solutions resulted in even greater turbidity stability.

Relatively stable solutions containing large particles can sometimes be obtained.
The aggregation and the stability of the large particles was found to be dependent upon salt concentration;
Si02N a2 ratio of the original silicate influenced the stability of the final product.

consequently the
pH increases accompany the aggrega-
The aggregation can be rapidly

this result and the low particle density indicated by viscosity measurements indi-

filled desiccators. The platinum filters prior to being rinsed
with distilled water were cleaned by reverse flushing with
NaOH or HC1 depending upon the pH of the solution to be
filtered; failure to consider the previous history of the filter
led to large unreproducible turbidity effects for solutions in
the 7-8 pH range.

The reported turbidities are uncorrected for dissymmetry.

Results and Discussion

The initial experiments were performed with
rather concentrated (0.798 M Si02 solutions
prepared from the 3.37 ratio solution by addition
of HC1. Relatively low ratio (<5) silicates re-
sulted, but at the high concentration continuously
rising turbidities were observed. Some of these
results are shown in Fig. 1A. These results are
typical of systems in which no stability results and
are characterized by an increasing rate of turbidity
increase. Most of these systems eventually gave
precipitates. The pH's of all these systems were
essentially constant throughout the long periods of
observation. These results led to the study of
more dilute systems.

A multitude of experiments were performed using
the 1.095 ratio as a source of silicate. Many con-
centrations were studied, but only a few results,
those most closely comparable with results to be
given later, are given in Fig. IB. The pH range
from 2.3 to 12.5 was studied in detail for solutions
that were 0.07 M with respect to Si02 The results
in acid solution are typical of those for which no
stability is found; they show the increasing rate of
aggregation. The rate of aggregation decreases
as the pH decreases in acid solution. In basic
solution the rate of turbidity increase is greatest
initially giving a hint of the quasi-stability to be
found later. At high pH the rate of aggregation
is lower than the lower pH basic solutions. The
maximum initial rate of aggregation seems to be
at pH 7.6, but it is not known accurately because
the turbidity-time curve undergoes an abrupt
change from one of small initial slope to one of
large initial slope in this region.

In both acid and basic solutions prepared from
what is essentially the 1:1 ratio silicate the pH
increases as the turbidity increases. The pH's
of the five solutions shown in Fig. IB increase
from 3.30 to 3.55, from 9.32 to 9.76, from 2.32 to
2.98, from 9.89 to 10.28, and from 10.21 to 10.52.
The three basic solutions show later pH decreases
coincident with the increasing r-f slope; these
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probably result from slight carbon dioxide contami-
nation during filtration.

No solutions prepared from the 1:1 ratio silicate
gave any evidence for large particle stability.
These solutions usually eventually gave gelatinous
precipitates but not rigid gels.

An attempt was made to study the effect of Si02
concentration at a fixed ratio on the rate of ag-
gregation. The ratio 5, higher than the com-
merical range but relatively low where rates would
be reasonable, was chosen. Some of the results
are shown in Fig. 1C. No concentration gave
stable turbidities. The rate of aggregation was
greater in more concentrated solutions but the
results are complicated by the presence of different
amounts of NaCl because all solutions were pre-
pared from the 3.41 ratio and HC1. In all these
cases the pH increased with aggregation.

The evidence indicated that the initial charge on
the aggregating particles has a big influence on the
rate of aggregation and of course should influence
the stability. A neutral salt should therefore
eliminate some of the repulsive charge effects and
lead to an increased rate of aggregation. The
effect of added NaCl was studied and some results
with the 3.79 rate are shown in Fig. ID. The
normal slow turbidity increase6 is accelerated by
the presence of NaCl; thus it is evident that for a
valid comparison of the effect of Si0O2 concentra-
tion on the aggregation rate, all solutions should
contain the same amount of salt.

Evaluation of the many experiments in basic
solution indicated that turbidity stability nearly
as good as that in the commercial ratio range could
be obtained in the higher ratio ranges if Si02
concentration and NaCl concentration were prop-
erly adjusted. Although a theory7of this stability
has been developed, it has not been properly
tested and quantitative prediction of stability
conditions cannot yet be made; however, there is
experimental evidence for the stability. Figure
2A shows the results of a solution prepared from
the 3.41 ratio. After a rapid initial turbidity
increase, the turbidity changed only 5% in 34
days. At that time the viscosity and the angular
scattering pattern were determined, and a series
of dilutions were made. Angular scattering pat-
terns and viscosities were determined for the
dilutions. From these data an intrinsic viscosity
of 20 cc./g. was calculated; from this the Einstein
equation gives a 0.125 g./cc. density. This com-
pares with 0.64 cc./g. for the metasilicate and 0.43
for the 3.75 ratio6 and indicates a rather loosely
packed particle. The dissymmetry data can be
fit well by a spherical particle distribution made
up of 99.92% of the molecules with a 330 A. radius
and 0.08% with a 960 A. radius. Crude electron
micrographs indicated essentially a monodisperse
system of spheres with a diameter of the order of
300 A.; however the calibration8 could have been
wrong by a factor of 2 or 3. The molecular weight
of the aggregate was determined from the turbidity
data and the refraction calculated by the derived

(7) P. Debye and R. V. Nauman, unpublished.

(8) The micrographs were made by Stanley Siegelman in the physics
department student microscopy laboratory.
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Fig. 1-— Turbidity VS. time curves for: A solutions pre-
pared from 3.37 ratio; 0.798 M Si02;, ratios: a, 4.29;
b, 4.09; c, 3.89, and d, 3.70. B Solutions prepared from
1.095 ratio: a, 0.0692 M Si02 0.0019 M HC1, 0.1269 M
NacCl; b, 0.0698 M Si02 0.0066 M Na2, 0.1257 M Nacl,
ratio is 10.6; ¢, 0.0696 M Si02 0.0034 M HC1, 0.1271 M
NacCl; d, 0.0693 M Si02 0.0067 M Na2, 0.1132 M NacCl,
ratio is 10.4; e, 0.0695 M Si02 0.0120 M NaX, 0.1029 M
NacCl, ratio is 5.78. C 4.99 ratio solutions prepared from
3.41 ratio: a, 0.547 M Si02 0.110 M Na®, 0.102 M NacCl;
b, 0.383 M Si020.077 M NaX, 0.071 M NacCl; c, 0.274 M
Si02 0.055 M Na2, 0051 M NacCl; d, 0.082 M Si02
0.016 M Nax, 0.015 M NaCl. D 3.79 ratio solutions con-
taining 0.128 M Si02: a, 0.253 M NacCl; b, 0.127 M NacCl;
c, 0.101 M NacCl; d, 0.0759 M NacCl; e, 0.000 M NacCl.

Fig. 2.— Turbidity VS. time curves for: A 1.36 ratio solu-
tions prepared from 3.41 ratio: a, 0.0817 M Si02 0.0006 M
Na2, 0.0481 M NacCl; b, prepared from a by dilution after
49 days, 0.0409 M Si02, c, prepared from a by dilution
after 49 days, 0.0032 M Si02 B Solutions prepared from
3.41 ratio: a, 59.2 ratio with 0.0817 M Si02 0.0014 M
NazO, 0.0452 M NacCl; b, 5.01 ratio with 0.0817 M sio02
0.0163 M Na2G, 0.0153 M NacCl; c, same as a; d, same as

b. C 26.8 ratio solutions prepared from 3.44 ratio: a and
b, 0.0882 M Si02 0.0033 M Na20, 0.0447 M NacCl; cand d,
0.0662 M Si02 0.0024 M Na2, 0.0334 M NacCl; e and f,
0.0441 M sSi02 0.0017 M Na», 0.0223 M NaCl. D 26.8

ratio solutions prepared from 3.44 ratio containing 0.0221 M
Si02 0.00083 M Na®: a and ¢, 0.1137 M NacCl; b, 0.2161
M Nacl; dand e, 0.0624 M NacCl; fand g, C.0112 M NacCl.
In C and D solid lines represent solutions prepared initially
and dashed lines represent solutions prepared from 74-day
old solution for which data are given in C-b.

equation9and found to be 5.78 X 106 uncorrected
for dissymmetry. From the radius determined

(9) P. Debye and R- V. Nauman, This Joubnau, 65, 8 (1960).
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by light scattering and the density estimated from
viscosity the molecular weight is calculated to be
11.3 X 106 The check is rather good considering
that the first result should be too low and the
second too high.

The turbidity and the angular scattering pattern
of the dilutions of the sample just discussed re-
mained constant within experimental error through-
out the period of observation which was about a
year.

Many similar experiments have been run. Fig-
ure 2B shows two other solutions that are as stable
as low ratio solutions. Figure 2C shows stability
produced by dilution of a solution that was not
nearly as stable as low ratio solutions. Figures 2C
and D shows results from one solution and its
dilutions. The results are typical of many others
that were obtained. A large quantity of solution
was made; one part was sealed for future use and
the other was diluted to different silicate concentra-
tions and to different NaCl concentrations at one
silicate concentration. After 74 days the sealed
portion was opened, measured, and new dilutions
exactly like those made the first day were made
again. The stored solution gave essentially the
same pH and turbidity as that which had been
opened repeatedly. The new dilutions gave higher
pH’s than the old ones in all cases. The turbidities
were higher for the new dilutions except for those
which contained added salt. The turbidity in-
creases were in all cases much less rapid for those
solutions that were diluted after appreciable
aggregation had occurred. The ones lacking ex-
cess salt had essentially stable turbidities. In
those that contained added salt the decrease in
rate of aggregation was remarkable; compare the
two solutions that contain 0.1137 M NaCl, and
observe the one that contains 0.2161 M NacCl;
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its counterpart made on the first day aggregated
so rapidly that the data could not be shown on the
same scale because it coincided with the ordinate.

Many similar experiments were performed.
All showed marked initial pH increases which
probably result from rapid hydrolysis of the silicate
to give some OH~ ion prior to a slower aggregation
of the hydrolyzed silicate. Many showed some
pH decreases at late stages probably due to minor
CO02 contamination during the frequent filterings
and transfers. In general the results from similar
solutions were the same. Higher ratio starting
material gave slightly better turbidity stability
for a given Si02concentration.

The addition of NaOH reversed the turbidity
change in a time very small compared with that
required for the increase. This was true for the
very low commercial range ratios as well as the
high ratio basic solutions and the acid solutions.
The addition of NaOH to the basic solutions
frequently briefly caused great turbidity or pre-
cipitation, but in all cases within one day the
solutions had turbidities characteristic of small
particle solutions.

This work has been concerned primarily with
aggregation and particle stability. The Kinetic
data have not been analyzed and particle sizes
have not always been determined. It is concluded
that the particles are loosely bound aggregates
probably held together primarily by van der Waals
forces rather than Si-O-Si bonds; it is believed
that the density and the NaOH reversal data sup-
port this conclusion. In general in basic solution
the production of a large particle as stable as the
low (0-4) ratio range particles requires that one
start with as high a ratio as possible (or perhaps
remove as much NaCl as possible) and dilute the
solution after the particles have grown appreciably.

REACTION BETWEEN SILICA AND CALCIUM HYDROXIDE SOLUTIONS.

I. KINETICS

IN THE TEMPERATURE RANGE 30 TO 850

By S. A. Greenberg?2

Contribution from the Johns-Manville Research Center, Manville, New Jersey
Received, August 10, 1960

A study is described of the heterogeneous reaction between silica and calcium hydroxide solutions in the temperature

range 30 to 85°.
means of electric resistance measurements.

The rates were followed by determining the changes in calcium hydroxide concentrations with time by
The influences of the amount of silica, the calcium hydroxide concentration,
temperature, type of silica, and surface areas of the silica on the rates of reaction were studied.
more than six processes proceeding in the over-all reaction, the rate determining step was the solution of silica.

It was concluded that of the
Since the

rate of solution of silica is proportional to the available surface of the silica, the over-all reaction rate is determined by this

factor.

Introduction

The mechanisms of hydrothermal reactions3are
of much interest to geochemists, cement chemists,
and chemists concerned with inorganic reactions.
The hydration of portland cement and the forma-

(1) Presented at the Colloid Division Symposium “ Colloidal Silica
and Silicates,” at the 137th Meeting of the American Chemical Society,
Cleveland, April, 1960.

(2) Portland Cement Association, Skokie, Illinois.

(3) G. W. Morey and E. Ingerson, Econ. Geol., 32, 607 (1937).

The influence of aggregation of colloidal silicas on the rate is also discussed.

tion of many minerals proceed by hydrothermal
mechanisms. In the present study an example of
one kind of heterogeneous reaction of this group
will be described.

The rates of reaction of several silicas with cal-
cium hydroxide solutions were followed by measur-
ing the conductances of the solutions as a function
of time. The influences of the amount of silica,
the calcium hydroxide concentration, tempera-
ture and type of silica on the rates were examined.
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Theoretical

Morey and Ingerson3have proposed that hydro-
thermal reactions proceed by crystallization from
solution. It is apparent from the word hydrother-
mal that in these reactions water must be present
and the rates increase with temperature.

In the present study of the reaction of silica with
solutions of calcium hydroxide, it is necessary that
the silica dissolves so that the reactions in solu-
tions may proceed. Accordingly, processes 1-6
would be expected.

1. Chemisorption of calcium hydroxide by
surface silanol groups. In a previous paper4 it
was shown that the amount of calcium hydroxide
chemisorbed could be correlated with the number
of silanol groups on the surface.

2. The solution of silica in the agueous phase.
Silica reacts with water to form a saturated solu-
tion of monosilicic acid.6 The solubility of the

Si0Zs) + H,0(1) = H,Sio4aq) @)

silica increases with pH because of the formation of
HXi04 and HXSi04 ions.6
Silica has been reported7 to dissolve in sodium
hydroxide solutions (to form a monosilicic acid
solution) as a function of the surface area S of
the silica
de/di = hs o)

where ¢ is the concentration of monosilicic acid in
moles/1. and fci is the rate constant. With the
assumption that the silica particles are spherical
and monodisperse, the integrated form of Eq. 2
may be derived

cyla = cy/. - ht 3)

where CPand Clnare proportional to the amount of
undissolved silica at time t and zero time, respec-
tively, and k: is a constant.

3. The reaction of monosilicic acid or its ions
in solution with calcium hydroxide in solution

reiCaO «Si02-n2H 20 (s)
)
4. Formation of nuclei of calcium silicate hy-
drate.
5.  Growth of nuclei.
6. Flocculation and precipitation of crystals.
The velocity of any of these processes might be
rate determining. However, the present study
demonstrated clearly that step 2, the solution of
silica, controlled the kinetics of the over-all re-
action
Si02s) + Ca++aq + 20H-aq = niCaO «Si02-nHD(s)
®)
A review of the physicochemical nature of the
various hydrated calcium silicates has been
presented by Brunauer and Greenberg.8
In another paper9the activity solubility product
(4) S. A. Greenberg, J. Phys. Chem., 60, 325 (1956).
(5) G. B. Alexander, W. M. Heston and R. K. ller, ibid., 68, 453
(1954).
(6) S. A. Greenberg and E. W. Price, ibid , 61, 1539 (1957).
(7) T. L. O'Connor and S. A. Greenberg, ibid., 62, 1195 (1958).
(8) Stephen Brunauer and S. A. Greenberg, “ The Hydration of Tri-
calcium Silicate and Beta Dicalcium Silicate,” Fourth International
Symposium on the Chemistry of Cement, Washington, D. C., October,

1960.
(9) S. A. Greenberg, T. N. Chang and Elaine Anderson, J. Phya.

Chem , 64, 1151 (1960).

11,Si0Ojaqg + Ca++aq + 20H -aq =
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for hydrated calcium silicates has been reported
K, p= ao+aHBO (6)
to be 10“7at 25°. This information is useful for

determining the degree of saturation of the solu-
tions with respect to product.

Experimental

Materials.4—The various kinds of silica, the sources,
per cent. SiOj content, “bound” water contents and nitro-
gen adsorption surface areas are listed in Table I.

Table |
Nature of the Silicas

Sur-

face
areas

. “Bound" sq.
- SiOi, water, m./g.
Silica type Source % % SiC%f
Standard luminescent Mallinckrodt 80.8 7.3 750
Special bulky Mallinckrodt 84.8 6.0 380
Aerogel Monsanto 93,5 3.0 250
Ludox (dried) Du Pont 93.0 2.4 150
Quartz 99.7 <1

The difference between 100% and the sum of the silica
(Si02 and “bound” water contents is the per cent, of
water sorbed by the silicas. Solutions of calcium hydroxide
were prepared by shaking Baker Alt product with distilled
water. Then these solutions were passed through Millipore
HA filters (Millipore Filter Corp., Bedford, Mass.).

Equipment.— The conductivity apparatus employed in
this study consisted of an Industrial Instruments RC1B
bridge and dip cells with constants of approximately one
cm.-1. Reactions were conducted in one-liter flasks in-
serted into a constant temperature bath maintained at
+0 02°. Surface area measurements were made by the
nitrogen adsorption B .E.T . method.4

Procedure.—The procedure for studying the reaction of
calcium hydroxide and silica was used previously by Cum-
mins and Miller.0 The method is based on the reduction
in electrical conductivity of the solutions as the calcium
and hydroxyl ions are removed by reaction with monosilicic
acid to form an insoluble precipitate. Essentially the
same procedure was followed in this study. A three-
necked round bottom flask containing 800 ml. of calcium
hydroxide solution was placed in the constant temperature
bath. In the center neck a glass stirrer was inserted.
The impeller (25 by 10 mm.) was placed at the bottom
of the flask. The rod was connected to a motor of variable
speed. The conductivity cell was inserted through one
side neck and a thermometer through the other. Rubber
stoppers sealed the joints. When the solution reached the
desired temperature, the silica was added in the opening
for the thermometer and stirring was started. Runs were
made with a rapid stirring speed to prevent settling except
for the experiments performed to determine the effect of
stirring speed on rate.

Because reagents and product settled in the cell, stainless
steel screens were placed over the openings. However,
tests made with and without screens showed the same
results.

Although an effort was made to exclude carbon dioxide
from the reaction flasks, no effect attributable to carbon
dioxide was detected. Experiments performed with
carbon dioxide-free air passing through the reaction flask
showed no differences in results from those obtained from
experiments conducted with the solutions exposed to the
atmosphere.

The specific conductance L of a solution is directly pro-
portional to the concentration of calcium hydroxide.
Therefore, the late of disappearance of calcium hydroxide
is equal to the rate of change of conductance L times a
constant of proportionality ct, which is temperature de-
pendent. In the present study the rate is referred to as
dL/dt or dC/di. Since the calcium silicate hydrates are
very insoluble and silica does not contribute appreciably
to the conductance of the solutions, the assumption that

(10) A. B. Cummins and L. B. Miller, Ind. Eng. Chem., 26, 688
(1934).
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Fig. 1.— Plots of conductance L VS. time to show the rate
dependence on Ludox silica concentration.

" 40 " 00 R V¢ S 60 200 240
Reaction Time, M nuies.

Fig. 2.— Plots of conductance L Vs. time to show the rate
type dependence on special bulky silica concentration.

conductance is directly proportional to the
tion of calcium hydroxide was found to be valid.

The presence of hydrated calcium silicates in these
mixtures was demonstrated by differential thermal analysis,
thermobalance and X-ray techniques.11-12

concentra-
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Results and Discussion

Rate Dependence on the Amount of Silica—To
800 ml. of calcium hydroxide solution (0.65 g.
CaO/1.), Ludox silica was added to make mole
ratios of Ca0O:Si02 equal to 1:0.25, 1:0.5, 1:1,
1:2 and 1:3. Similarly special bulky silica was
added to 800 ml. calcium hydroxide solution (0.65
g. CaO/1l.) to make mole ratios of CaO:Si02
equal to 1:0.5, 1:1, 1:2 and 1:3. In Fig. 1 and
2 the data are presented graphically.

Several things of interest may be noted in the
curves. First the intercepts on the ordinate
show the initial drop in conductance, which is due
to the rapid chemisorption of calcium hydroxide
by silica.4 It is apparent also that the slopes of
the curves dL/dt over most of the reaction period
is directly proportional to the amount of silica
present and, therefore, to the surface area of the
silica.

Curves of L 1Isplotted as a function of time were
made for the Ludox and special bulky silicas.
It was noted that the points fall on straight lines
for about 90% of the reaction. Also the times for
complete reaction, where LIA is equal to zero, are
directly proportional to the amount or surface
areas of the silicas. On Table Il the rate constants
in moles13 calcium hydroxide per minute per sq.
m./g. Si02 are listed for Ludox and special bulky
silicas as a function of the Ca0O:Si02 mole ratios.
It may be seen that the rate constants k2 (eq.
3) are within experimental error 1.0 X 10~4 for
Ludox and 0.08 X 10~4 for special bulky silica.
The factor for changing the conductance L meas-
urements to concentration of calcium hydroxide
is 1.27 at 82°.

Table Il

Rate Constants at 82°

Ludox silica Special bulky silica

Rate const, kK F¥ate const, k
Mole ratio molesl/ 3min. Mole ratio moles¥ 3min.
Ca0:Si02 sg. m. X 104 Ca0:Si02 sg. m. X 10"
1:0.25 0.81 1:0.5 0.080
1:0.5 0.98 1:1 .080
1:1 1.00 1:2 .080
1:2 1.04 1:3 .079
1:3 0.89

Rate Dependence on Calcium Hydroxide Con-
centrations— The rates of the reaction were meas-
ured while holding the amount of silica constant
at 0.093 mole Si02 the temperature at 82° and
varying the concentration of the 800 ml. calcium
hydroxide solutions between 0.0036 and 0.0116
molar. It thus was possible to obtain the rates
as a function of calcium hydroxide concentration.
The results for Ludox silica are shown graphically
in Fig. 3. Similar curves were obtained for the
special bulky silica.

It may be noted in Fig. 3 that for concentrations
of calcium hydroxide greater than 0.0036 molar,
the conductance vs. time plots are almost parallel,
which indicates that the rate is independent of
concentration in this range.  Plots of L'/zvs. time
are linear and parallel except for the curve repre-

(11) S. A. Greenberg, J. Phys. Chem., 61, 373 (1957).
(12) S. A. Greenberg, ibid., 61, 960 (1957).
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senting the experiment with the 0.0036 molar
solution.

Effect of Stirring Speed.—Three runs at 82° were
made with three different stirring speeds: (1) 1600,
(2) 2400 and (3) 3200 r.p.m. To 800 ml. of 0.0116
molar calcium hydroxide, an equimolar amount of
Ludox silica (as SiCh) was added. No changes
in rates of reactions with stirring speed were
noted.

King13 has examined extensively rates of solu-
tion of metals in acids. In solution processes in
which the rate of solution of the substance is very
fast, the rate-controlling step becomes the rate at
which the dissolved substance diffuses away from
the surface. However, in the case of the solution
of silica, the solution reaction involves a slow de-
polymerization or hydrolysis reaction. Therefore,
a diffusion controlled mechanism would not be
expected.

Similar experiments with special bulky silica
showed a rapid increase in rate when experiments
with no stirring are compared to those in which
vigorous agitation was applied. It was found that
above a certain minimum stirring speed no increase
in rate was observed. With very high surface
area silicas a certain amount of stirring is necessary
to prevent settling. This is especially the case for
solution in water7; but the effect is not so marked
in alkaline solutions. These results are consistent
with the experiments and theories concerning the
flocculation of silica.1455 Khodabov and Plutsis®6
have reported that the rate of solution of quartz
is not affected by stirring speed.

JamesXr and later King, Wishinsky and Blood-
good1B reported that stirring speed has little
or no effect on the dissolution of magnesium chips
in acid solution since the particles swirl freely with
the solution. They concluded from these results
that the stirring speed is not a test of diffusion
control in that case. Therefore, the lack of de-
pendence of rate of reaction on stirring speed above
a minimum speed in the present study cannot be
considered as proof that the rate of reaction is not
diffusion controlled.

Dependence of Rate on Nature of Silica—A
comparison was made of the rates of reaction at
82° of calcium hydroxide solutions with alpha
quartz, S. L., Sp. B., Aerogel and Ludox silicas.
In each case to 800 ml. calcium hydroxide solution
(0.65 g. CaO/1.) sufficient silica was added to ob-
tain equimolar quantities of CaO and SiCK The
results demonstrate that the rates of reaction are
not proportional to the surface areas of silicas, in
general. Table 111 compares the surface areas
with the AL/At slopes and the constants k2 These
results are reasonable when the detailed natures of

C13) C. V. King, “Transactions of the New York Academy of Sci-
ences,” Series |1, Vol. 10, No. 7, 262—267, 1948.

(14) H. R. Kruyt, “Colloid Science,” Chap. I, Elsevier Publishing
Co., New York, N. Y., 1952.

(15) E. S. W. Verwey and J. Th. G. Overbeek, “Theory of the Sta-
bility of Lyophobic Colloids,” Elsevier Publishing Co. New York, N.
Y.. 1948.

(16) G. S. Khodabov and E. R. Plutsis, Dokl. Akad. Nauk, S.S.S.R.,
845 (1958).

(17) T. H. James, J. Am. Chem Soc., 65, 39 (1943).

(18) C. V. King, Il. Wishinsky and H. Bloodgood, ibid., 68, 238
1946).
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Fig. 3.— Plots of conductance VS. time to show dependence
of rate of reaction of Ludox silica on calcium hydroxide
concentration.

Table |11

D ependence of Rate on Nature of Silica

Surface area fo X 10=
sq. m./g. -dL/dt molesl/ 3min.

Silica Si02 X 105 sq. m.
S.L. 750 110 0.61
Sp. B. 380 145 8.0
Aerogel 250 310 2.4
Ludox 150 380 100
Quartz <1 0.3 ~0

the silicas are considered. Electron micrographs®
show that some silicas like the S. L. variety are
porous. Sp. B. silica is less porous but the funda-
mental particles are aggregated. On the other
hand, quartz and Ludox@exhibit discrete separate
particles.

The slow reaction rate of quartz compared to the
colloidal silicas may be directly attributed to the low
surface area (<1 sgq. m./g. Si02) and to the
low free energy state of the substance.

The results show that S. L. silica reacts rapidly
at first, but then the reaction rate slows down
markedly. It is reasonable to presume that the
pores of S. L. silica are filled very rapidly with
silicic acid which reacts immediately with calcium
hydroxide. This hydrated calcium silicate product
in the pores would retard the further solution of the
silica.

The Ludox silica because of a relatively large
available surface would be expected to react most
rapidly and it does show a rate constant of 100 X

(19) S. A. Greenberg, E. Pressler, L. E. Copeland and Edith G.
Schulz, in prepn.
(20) S. A. Greenberg and T. N. Chang, in prepn.
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10 compared to the S. L. silica with a surface
area of 750 sq. m./g. Si02which exhibits a rate con-
stantof only 0.61 X 10-6.

The aerogel and Sp. B. silicas may be seen to
react at rates which apparently reflect the amount
of porosity or degree of aggregation as well as the
surface areas.

Dependence of Rate on Temperature.—The de-
pendence was determined for Sp. B. silica by meas-
uring the rates of reaction at constant concen-
tration of calcium hydroxide (800 ml. 0.65 g.
Ca0/1.) and silica (0.657 g. Sp. B. silica). Table
IV summarizes the results.

Table IV

D ependence of Reaction Rate of Sp. B Silica on

Temperature

1 2 3 4
h X 10«
Temp., dL/dt molesVs/min.
°C. Ct X 10« X Ct sg. m.
30 2.3 12 0.81
40 1.90
50 1.64 38 1.9
60 1.61 60 2.9
68 1.52 73
70 1.38 72 3.2
75 1.33 122
82 1.27 184 8.0
85 (0.45 g. CaO/1.) 1.35 246
85 (0.65 g. CaO/1.) 1.35 150

It was noted that at the lower temperatures al-
most 20 minutes elapsed before the rates became
constant. At 82° the rate became nearly constant
after 10 minutes. These effects are attributed to
the supersaturation initially of the solution with
silicic acid with respect to the calcium silicate
product and will be discussed separately in con-
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nection with a study of the crystallization of the
product in solution.2

Table IV lists the temperatures of the experi-
ments, the constant Ct which relates the specific
conductances L with the concentrations of cal-
cium hydroxide, the third column gives dL/dt X
Ct which is proportional to the rate of removal of
calcium hydroxide and the last column lists the
constants fc at various temperatures. By means
of the Arrhenius equation, the activation energy
for the reaction of Sp. B. silica was evaluated from
the rate constants k™ Between 30 and 82° the
energy of activation is 9.4 kcal.

The two rates observed at 85° (Table 1V) were
measured on solutions of different concentrations
of calcium hydroxide but with equal silica con-
centrations. The lower rate of 150 (column 3)
was found with the higher concentration of cal-
cium hydroxide (0.65 g. CaO/1.). The higher rate,
246, was noted with the lower concentration (0.45
g. CaO/1.) which is the saturation concentration
at this temperature. The lower rate with the super-
saturated solution may be due to precipitation of
calcium hydroxide on the surface of the silica par-
ticles. This precipitate may then serve as a barrier
to the solution of silica.

In the temperature range 50 to 82° the acti-
vation energy for the reaction of Ludox silica is
18.4 kcal.
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EFFECTS OF DEHYDRATION AND CHEMISORBED MATERIALS ON THE
SURFACE PROPERTIES OF AMORPHOUS SILICA
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When the hydroxyl groups on the surface of amorphous silica are removed by heating or replaced by esterification, the
properties of the surface are markedly altered. Using high surface area powders with large pores which were obtained from
colloidal silica aquasols, semiquantitative studies of these effects have been made. Data are presented which relate the re-
activity with trimethylchlorosilane, methyl red adsorption capacity, heat of adsorption of nitrogen, and wetting character-
istics of amorphous silica surfaces to the extent of dehj'-dration and/or esterification. Qualitatively, the effects produced
by these two types of surface reactions were found to be quite similar. Semiquantitative treatment of the data supports the
hypothesis that dehydration of amorphous silica surfaces occurs by random interactions of adjacent hydroxyl groups, and
that esterification occurs by random reaction between molecules of alcohol and individual hydroxyl groups. Rehydration
of amorphous silica surfaces was found to occur only under relative humidity conditions which favor capillary condensation of
liquid water.

Introduction silica gels. In humid atmosphere, this layer of
silanol groups becomes hydrogen bonded to addi-
tional water molecules, so that the surface is covered
with physically adsorbed water.

When heated, a particle of amorphous silica loses
this physically adsorbed water until at approxi-
mately 200°, there remains only the bound water.

On this fully hydroxylated surface there are about 8

Each silicon atom on the surface of amorphous
silica tends to maintain tetrahedral coordination
with oxygen atoms by being covalently bound to an
outwardly disposed hydroxyl group.l Such hy-
droxyl groups constitute the “bound water” in

(1) P. C. Carman, Trans. Faraday Soc., 36, 9G4 (1940).
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silanol groups per square millimicron of surface,
each group occupying an area of approximately 12.5
square A. Above 200°, additional water is evolved
without appreciable sintering or loss of area.
Above 600°, the internal structure of the particle
becomes more mobile and sintering begins, and the
evolution of water continues. Surface silanol
groups may also be replaced by chemical reactions.
For example, they can be esterified with alcohols,
whereupon the surface becomes partially covered
with alkoxy groups. They also react with alkyl-
chlorosilanes, splitting out hydrogen chloride.

The paper presents new data on the dehydration
of amorphous silica surfaces, and shows the effects
of such dehydration on the reactivity and adsorp-
tive characteristics of the silica. The effects of
displacing various proportions of the silanol groups
by alkoxy groups are described. The close simi-
larity between the effects produced by these two
types of surface modification is emphasized, and
some insight is provided into the mechanism of
these reactions.

Experimental

Sources of Amorphous Silica.— Three amorphous silicas
with specific areas of about 100, 180 and 300 m.2g. were
used in this study. In each case, the silicas were prepared in
the form of aquasols by methods which have been previously
described.23 The silicas were stored in this wet condition
to ensure against partial dehydration or other changes. Just
prior to use, these sols were deionized with a mix-
ture of anion and cation-exchange resins, and permitted to
gel. The silica powders were recovered by filtration, dried at
110°, and dehydrated or esterified immediately after isola-
tion.

Dehydration of Amorphous Silicas.—Portions of these
silica powders were heated to constant weight in a stream of
air at a series of temperatures to obtain samples which were
dehydrated to different degrees. Most of the water came
off very quickly', and in all cases no appreciable additional
loss of water occurred after heating for 1 hour.

Esterification of Amorphous Silica.—In carrying out the
esterification reaction, the silica was suspended in 1-butanol
or 1l-propanol, free water removed from the system by azeo-
tropic distillation, and the anhydrous slurry was heated at
various temperatures to obtain silicas with different degrees
of esterification. In certain instances, the final heating was
carried out above atmospheric pressure in stainless steel
autoclaves. The esterified silica was recovered by filtration
and dried in vacuo. These procedures have been described in
detail by ller.5

Characterization Techniques.—The number of silanol
groups on silica surfaces was determined from loss on ignition
measurements under reduced pressure at 1100°. The
number of alkoxy groups on esterified silica surfaces was
determined by removing physically adsorbed organic matter,
and analyzing for total carbon. All specific surface area
measurements were made according to the manometric
technique described by Emmett.®

Reactivity of dehydrated silica surfaces was studied by
refluxing the material with liquid trimethylchlorosilane until
evolution of hydrogen chloride subsided. Excess reagent was
displaced by washing repeatedly with absolute ether, the
residue was dried in vacuo and the number of trimethylsilyl
groups attached to the surface was determined by analyzing
for total carbon.

Methyl red adsorption capacities were determined by a
procedure originally described by Shapiro and Kolthoff,*

(2) M. F. Bechtold and O. E. Snyder, U. S. Patent 2,574,902 (E. I.
du Pont de Nemours & Co., Inc., 1951).

(3) G. B. Alexander, U. S. Patent 2,750,345 (E. I. du Pont de Ne-
mours & Co., Inc., 1956).

(4) R. K. ller, U. S. Patent 2,657,149 (E. I. du Pont de Nemours &
Co., Inc., 1956).

(5) P. H. Emmett, “Symposium on New Methods for Particle Size
Determinations,” Philadelphia: American Society for Testing Ma-
terials, March 4, 1941, p. 95.
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Fig. 1.—Relationship between silanol groups per (m/x)2
temperature of dehydration, and adsorption of (A) tri-
methylsilyl groups, (B) methyl red molecules.

using benzene as a solvent.

The wetting characteristics of silicas were observed
qualitatively by shaking small portions of dry powder with
distilled water. An equal volume of either butanol, acetal,
chloroform or benzene was added, and the contents once
again shaken vigorously. After phase separation, the layer
containing the siliceous material was determined by inspec-
tion.

Results and Discussion

Effects of Dehydration.—The state of hydration
of silica surfaces after being heated to various tem-
peratures is summarized in Fig. 1. When the num-
ber of silanol groups remaining per square milli-
micron of surface is plotted against the inverse of
the absolute dehydration temperature, a linear re-
lationship is obtained

Silanol groups per (m/x)2 = 5200 X (1/7 a — 1/1600)

The significance of this linear relationship is not
clear; however, the silanol numbers plotted are
characteristic and meaningful in that additional
heating at any given temperature causes no further
decrease in the silanol number. Furthermore, the
same number is obtained regardless of the starting
surface area, so long as it was fully hydrated prior
to heating. It is interesting that extrapolation of
this straight line indicates that temperatures of
about 1400° would be required to obtain fully dehy-
drated amorphous silica by ignition in air.

Both the adsorption capacity of amorphous silica
surfaces for polar adsorbates and its chemical
reactivity with reagents capable of interacting with
the silanol groups on the surface vary with the
silanol content. This is shown in Fig. 1 by the
plots of the adsorption capacity of the surface for
methyl red, and "he chemical reactivity with tri-
methylchlorosilane as a function of the number of
silanol groups per (m/x)2 When the surface is
fully hydrated wixh 8 silanol groups per (m/x)2 the
the maximum number of trimethylsilyl groups
which becomes attached is about 2.2 per (him)2
Thus, each trimethylsilyl group covers about 45
A.2 Since only one surface silanol group is re-
quired for chemical reaction with a molecule of tri-
methylchlorosilane, only 2.2 silanol groups per (m/x)2

iG) I. Shapiro and I. M. Kolthoff, 3. Am. Chem. Soc., 72, 776
(1950).
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Fig. 2.—Rehydration of dehydrated surface, by exposure to
humid atmosphere.

of silica surface should provide enough reactive
sites for the attachment of a complete monolayer of
trimethylsilyl groups. However, as shown in Fig.
1, the number of trimethylsilyl groups reacted
begins to decrease substantially in an approximately
linear fashion when the silanol group number drops
below 4.

An explanation which is consistent with these
observations is that removal of bound water occurs
by random interactions of adjacent hydroxyl groups
from the most water-rich areas. In this manner,
silanol-free areas of only 25 A.2 units would be
created during the removal of 50% of the hydroxyls
by such a mechanism (corresponding to 4 silanol
groups per (my)2 and little decrease in the reactivity
with trimethylchlorosilane would be expected.
However, during the removal of additional silanol
groups by interaction of adjacent pairs, non-
hydroxylated areas greater than 45 A.2units w'ould
be created, and the observed decrease in activity
would be predicted. The slope of the curve at the
low silanol levels, that is, below 4, also supports
this hypothesis.

On the other hand, a random elimination of
isolated hydroxyl groups from the most water-rich
areas would not affect surface reactivity with tri-
methylchlorosilane until about 75% of the total
silanol groups had been removed. This would cor-
respond to a silanol number of about two.

On a fully hydrated silanol surface, 0.86 mole-
cules of methyl red are adsorbed per (my)2 or each
molecule covers about 116 sq. A.2 The adsorption
capacity decreases as the silanol groups are removed
but in this case the region of maximum sensitivity
is not reached until about 5 silanol groups have
been removed per (my)2 These observations are
consistent with the above hypothesis regarding the
mechanism of dehydration, because up to 6 silanol
groups could be removed per (my)2by interaction of
adjacent hydroxyl groups before non-hydroxylated
areas as large as the covering power of a methyl
red molecule are created. Removal of adjacent
silanol groups beyond this poiir; by random inter-
action would create such areas.
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It is interesting to note that the adsorption of a
non-polar adsorbate is also affected by the silanol
content of silica surfaces. The data in Table |
show that the heat of adsorption of nitrogen at
about —195° decreases as a function of the surface
silanol content. These heats of adsorption were
calculated from nitrogen adsorption isotherms using
the original BET equations.7

When dehydrated silica is exposed to moist air,
the surface rehydrates. However, as shown in Fig.
2, the extent of rehydration was found to be a func-
tion of both the degree to which the surface was
originally dehydrated, and the relative humidity
under which rehydration was conducted. These
observations are consistent with the hypothesis that
rehydration of the siloxane surface does not occur
unless liquid water is present in the capillaries of
the gel. The capillaries in the silica powders used
in this study are so large that there is no capillary
condensation at 50% relative humidity, and no
rehydration occurs under these conditions, even
after one month at ordinary temperature. At 75%
relative humidity, some of the capillaries are filled
with liquid water, and partial rehydration results,
while at 100%, the capillaries are completely filled,
and complete rehydration occurs. Rehydration
was carried out by exposing the dehydrated silicas
to controlled humidities from one to four weeks,
and the extent of hydration was determined after
drying at 100° to remove physically adsorbed
water.

Table |

Heat of Adsorption op Nitrogen on Dehydrated Silica

Surfaces

Dehy- Specific Silanol

dration surface groups

temp., area, per Ei — Ez Ei
°C m.vg. (mjj2 "Cc” cal./mole  cal./mole
120 182 10 104 721 2011
620 170 3 53 616 1906
810 141 2 45 591 1881

Effects of Esterification—When silica reacts
with alcohols such as 1-butanol, the hydrogen of
silanol groups on the surface is replaced with an
alky] group. As the surface becomes covered with
alkyl groups, fewer silanol groups remain exposed
on the surface, and the methyl red adsorption
capacity of the silica surface decreases (Fig. 3).
This effect is similar to that observed during dehy-

Table Il

Relationship between Heat of Adsorption of Nitro-

gen and Degree of Esterification of Silica Surfaces

Alkoxy
groups Ei —Ez, Ei,
Sample per (mju)2 "C" cal./mole cal./mole
Unesterified silica 0 93 712 2002
Esterified with 1-butanol 0.44 81.8 693 1983
Esterified with 1-butanol 1.28 28.3 525 1815
Esterified with 1-butanol 2.52 21.9 4S5 1775

dration of silica surfaces, but methyl red adsorption
capacity is much more sensitive to low degrees of
esterification than it is to low degrees of dehydra-
tion. Replacement of only about 1.2 hydroxyl

(7) S. Brunauer, P. H. Emmett and E. Teller, 3. Am. Chem. Soc.,
60, 309 (1938).
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Tabte 11

Relationship between Degree of Esterification of Silica Surfaces and Wetting Characteristics

Degree of

esterifica-

tion, butox

Sample grps./(mrf

Unesterified silica 0

Partially esterified with 1-butanol 1.16
Partially exterified with 1-butanol 1.69
Completely esterified with 1-butanol 3.11

groups with butoxy or propoxy groups per (mu)2
makes half of the surface inaccessible to methyl red,
whereas elimination of 1.2 hydroxyl groups by
dehydration had very little effect. Thus, it ap-
pears that the polarity of silica surfaces is more
markedly altered by esterification than by dehy-
dration. As the population of butoxy groups ap-
proaches 2.7 per (mu)2 they become so closely
packed that no methyl red molecules find access to
the surface. Yet even at this point, there is space
enough for more butoxy groups, and esterification
can continue until there are 3.8 butoxy groups
packed onto the surface.4 Thus, butoxy groups
apparently are capable of preventing the access of
methyl red to considerably more area than they
actually cover. These data are consistent with
the hypothesis that reaction between alcohols and
silanol groups proceeds quite uniformly throughout
the surface, rather than by preferential saturation
of isolated areas.

Replacement of hydroxyl groups with butoxy
groups also decreases the heat of adsorption of
nitrogen on silica surfaces at —195°, as calculated
from adsorption isotherms (Table Il). This is
similar to the effect observed during dehydration,
but the heat of adsorption of nitrogen is more sensi-
tive to replacement of hydroxyl groups with butoxy
groups than it was to the removal of hydroxyl
groups. The heat of adsorption drops from about
2000 to 1775 cal./mole when 2.5 hydroxyl groups
are replaced with butoxy groups per (nipt)2
whereas removal of 6 hydroxy groups per (m/i)2by
dehydration decreases the heat of adsorption of
nitrogen to only 1880 cal./mole.

Based on both methyl red and nitrogen adsorp-
tion measurements, it appears that replacement of
surface silanol groups with butoxy groups decreases
the polarity of the surface substantially. Since
hydrolysis of alkoxy groups on the surface of esteri-
fied silicas proceeds at a negligible rate at room
temperature, it is possible to study the wetting
characteristics of esterified silicas without altering
their surface. The data in Table 111 show that as a
silica surface is esterified, it becomes preferentially
wetted by water-immiscible organic liquids. As
the degree of esterification is increased, it becomes
less hydrophilic and more organophilic, and silicas

-Partition data-

1-Butanol Aceta Chloroform Benzene
Water Water Water Water
(Phase containing the silica)
Water Water Water Water
Organic Water Water Water
Organic Organic Emulsion Water
Organic Organic Organic Organic

COMPARED TO UNESTERIFIED, HY-
DRATED SILICA.

Fig. 3.—Relationship between adsorption of methyl red and
degree of esterification of the silica surface.

with highly esterified surfaces are wet by hydro-
carbons preferentially to water. More quantitative
conclusions regarding surface polarity might be
reached by measuring the wetting angle of water on
silica surfaces containing varied proportions of
alkoxy groups. However, this was not attempted
because of the difficulties associated with determin-
ing the extent of esterification on the smooth,
fused-silica plates of low surface area which would
have been required for the measurement of wetting
angles.
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Primary and secondary alcohols react with the silanol groups on the surface of particles of amorphous silica until a mono-

molecular, oriented layer of chemically-bound organic groups is formed.

to take part in this type of topochemical reaction.
under essentially anhydrous conditions.
sure.
and molecular weight of the alcohol used.

ROH

requires 12.1 kcal. mole-1.

Introduction

Although the physical association of alcohols
with silica gels and powders has been studied by
numerous investigatorsl-4 the possibility of a
topochemical reaction between alcohol and the
surface of amorphous silica has only recently been
appreciated. As described by Her,66 Braendle,7
and Stevenson,8 esterification of the surface of
finely divided silica renders the powder organo-
philic and hydrophobic. Recently, Stéber, Bauer
and Thomas9 studied the chemisorption of ali-
phatic alcohols on the surface of pure fumed silica
and showed that the alkyl groups must be oriented
normal to the surface and are essentially close-
packed. There are about 8 hydroxyl (silanol)
groups per square millimicron on the original
silica surface.6 Only about three alkoxy groups
such as n-butoxy, are required to cover this area,
so that two-thirds of the silanol groups are thus
covered over and remain inaccessible to further
reaction. Esterification of the surface to produce
hydrophobic products occurs readily with primary
or secondary alcohols containing 2 or more carbon
atoms. In the case of methanol,10 highly anhy-
drous conditions and elevated temperature and
pressure are required. Tertiary alcohols do not
react readily and, furthermore, tend to be decom-
posed by dehydration at elevated temperature.
Substituted alcohols will esterify the surface;
if the substituent groups are polar, the resulting
surface assumes the polar character of the substit-
uent group.11-16

(1) D. C. Jones and L. Outridge, J. Chem. Soc., 1574 (1930).

(2) L Robert, Compt, Rend., 234, 2066 (1952).

(3) F. E. Bartell and D. J. Donahue, J. Phys. Chem., 56, 665-670
(1952).

(4) F. E, Bartell and R. M. Suggitt, ibid., 58, 39 (1954).

(5) R. K. Her, U. S. Patent 2,657,149 (E. I. du Pont de Nemours &
Co., Inc., Oct. 27 (1953).

(6) R. K. ller, “The Colloid Chemistry of Silica and Silicates/*
Cornell University Press, Ithaca, N. Y., 1955.

(7) G. C. Meyer and R. O. Braendle, “A New Class of Siliceous
Thickening Agents,” National Lubricating Grease Institute, San
Francisco, Cal., October 25-27, 1954.

(8) A. C. Stevenson, “Effects of Surface Modification on Silica
Fillers,” Elastomer and Plastics Group, Northeastern Section, Amer.
Chem. Soc., Cambridge, Mass., Nov. 16, 1954.

(9) W. Stober, G. Bauer and K. Thomas, Ann. Chem., 604, 104-110
1957).

( (10; E. C. Broge, U. S. Patent 2,736,668 (E. I. du Pont de Nemours
and Co., Inc., 1956). »

(11) R. K ller, U. S. Patent 2,739,074 (E. I. du Pont de Nemours &
Co., 1956).

(12) R. K. Her, U. S. Patent 2,739,076 (E. I. du Pont de Nemours &
Co., 1956).

Numerous types of amorphous silica are shown

This chemisorption, with formation of silicic ester groups, proceeds only
The reaction proceeds rapidly to completion only at elevated temperature and pres-
The surface-esterified amorphous silica powders have an organic content which increases with specific surface area
The products are highly hydrophobic and organophilic in nature.
alkoxy groups on the silica surface i3 correlated with molecular size.
SiOR + HXD was measured in the case of re-butyl alcohol.

is 21.9 kcal. per mole of butoxy groups and for hydrolysis is 9.0 kcal. mole-1.

Packing of the

The equilibrium constant for the reaction -SiOH +
The energy of activation for the esterification reaction
The esterification reaction is endothermic and

The present paper relates primarily to the ki-
netics of the esterification of the silica surface with
some of the lower saturated aliphatic alcohols,
principally 1-butanol.

Experimental

Silica Substrates.—Finely divided amorphous silica o
different ultimate particle sizes and specific surface areas
were prepared from sodium silicate by methods which
have been described previously and are categorized as
tabulated.

Ty?_e of Specific surface, .

silica m.3g. Method of preparation
A 25-100 Drying sol&
B ~100 Sodium silicate and acid6
C 180-200 Gelling sol, drying
D 300 Sodium silicate and acid 18
E 300-800 Special processI*

Sols were purified by ion exchange; gels were washed with
acid and water. Unless noted otherwise, the silica was
employed in the wet condition for further reaction with
alcohols.

Methods of Esterification.—In preliminary studies, the
silica was suspended in alcohol and free water removed
from the system, usually by azeotropic distillation. With
lower boiling alcohols, the anhydrous mixture was heated
either in stainless steel autoclaves or in sealed glass tubes.
The alcohobvapor was then either vented from the pressure
vessel, leaving a dry product, or the mixture was cooled
rapidly and the silica recovered by filtration and dried
under vacuum at 100-120°. With high boiling alcohols the
mixture was heated at atmospheric pressure, cooled, filtered
and the product was washed with a suitable volatile solvent
such as acetone, to remove adsorbed alcohol, then dried
under vacuum at 100-125°.

The kinetics and equilibria of the surface esterification of
silica with 1-butanol were studied by determining the rate
of change of carbon content at a series of temperatures
ranging from 118 to 320°. Data at 118° were obtained
from an extended azeotropic dehydration of silica gel (300
m.2g- specific surface area) at atmospheric pressure.
Samples of slurry (averaging around 8% silica) were re
moved at intervals and analyzed to determine the water
content and the degree of esterification. Data for higher
temperatures were obtained by pumping slurry, which had
been partially esterified at 118°, through an oil-heated
heat exchanger operated under pressures chosen to maintain

(13) E. C. Broge, U. S. Patent 2,739,078 (E. |. du Pont de Nemours
& Co., 1956).

(14) M. T. Goebel, U. S. Patent 2,739,077 (E. |. du Pont de Nemours
& Co., Inc., 1956).

(15) R. K. Her, U. S. Patent 2,739,075 (E. |. du Pont de Nemours &
Co., 1956).

(16) K. L. Berry, R. M. Joyce and J. E. Kirby, U. 8. Patent 2,757,-
098 (E. I. du Pont de Nemours & Co., Inc., 1956).

(17) G. B. Alexander and R. K. ller, 3. phys. Chem., 67, 932 (1953).

(18) See reference 5, Example 2.

(19) G. B. Alexander, E. C. Broge, R. K. lier, U. S. Patent 2,765,242
(E. I. du Pont de Nemours & Co., Inc., 1956).
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Table |
Different Degrees of Esterification of the Silica Surface with 1-Butanol
Silica (e Characteristics of Estersil
Type [------] Reaction conditions------ sub- Specific Specific
of % hd strate total hydroxyl- Deg. of (7
Expt. sub- Temp., Time, after Sp. surf,, area ated area Chem. analysis-—---> esteri-  Area not
no. strate °C. hr. esterif. tn./C. m*./g. mJl/g. Sio, % C % H fica. esterified
| D 110 0.1 <0.5 360 356 245 86.6 2.39 1.07 0.84 31.3
2 D 118 3 330 317 113 88.8 4.37 1.32 1.72 35.6
3 D 118 8 330 304 61 90.0 4.70 1.45 1.94 20.0
4 D 225 2 310 269 0 88.2 6.32 1.55 2.95 0
5 D 250 2 285 277 4 88.1 6.62 1.42 3.0 1.5
6 D 300 2 289 262 0 85.3 8.80 1.86 4.2 0
7 D 200 1 0.4 277 268 22 88.2 541 1.34 2.53 8.2
8 D 200 1 1.8 282 270 40 89.8 5.02 1.34 2.33 14.9
9 D 200 1 3.2 284 56 90.5 4.21 1.13 1.86 19.7
10 D 200 1 4.7 287 279 91.2 2.86 0.90 1.28 S
11 D Unesterified 298 297 94.8 0.2 0.62 0 100

“[Total area-hydroxylated area]/[total area].

the slurry density approximately constant. The residence
time in the heat exchanger was of the order of 2 minutes at
the pumping rates employed; longer times were obtained by
returning the cooled slurry to the feed pump for further
treatments. Atmospheric pressure dehydration was car-
ried out in a 50 gallon, agitated, steam-jacketed still pot.
Fractionation of the azeotrope took place in a 6 inch diameter
column, packed with 20 feet of 3Js" porcelain Rascliig
rings. The condensed distillate was automatically de-
canted into a butanol-rich layer which was returned as re-
flux and a water-rich layer which was discarded. The re-
actor consisted of a 20 gallon slurry feed tank, a piston-
type controlled volume feed pump with a hydraulic pulsa-
tion dampener and a series of Ji«' i.d. tubular heaters
surrounded by circulating heat-transfer oil. The heat
treated slurry was quenched in a similar water-jacketed
cooler and discharged through a pressure-controlled valve
into receivers.

Water content of the reaction mixture was determined by
titration with Karl Fischer reagent. The free butanol was
removed from slurry samples by vacuum drying at 115°,
5mm. Hg abs., and the esterified powder then characterized.

Characterization and Analysis of Products. Wetting
Characteristics.— A simple test was employed to determine
whether the product was hydrophobic and organophilic,
or merely organophilic without being hydrophobic: The
powder was pulverized to pass through a 200 mesh screen
and about 0.25 ml. was added to 10 ml. of distilled water in
a 6' test tube which was stoppered and given 5 vigorous
vertical shakes. The mixture was permitted to stand for 15
minutes, and it was observed whether any of the powder
had wetted into the water. Completely hydrophobic
silica remains as a dry layer entirely on top of the water.
If the silica is hydrophilic, it wets completely into the water.
Organophilic sifica is defined as one which will preferentially
remain suspended in the butanol layer in a butanol-
water mixture obtained when 10 ml. of n-butyl alcohol
is added to 10 ml. of aqueous phase in the test-tube, which
is again shaken five times and let stand.

Degree of Esterification.—Samples were analyzed for
carbon and hydrogen by conventional combustion methods,
and for SiOa by ashing at 800-1000°, since no other oxides
were present in appreciable amounts. The specific sur-
face area was determined by adsorption of nitrogen by the
method described by P. H. Emmett.2 From these data
the degree of esterification or the number of alkoxy groups per
square millimicron of surface was calculated by the formula

6.02 X IOB X C

Degree of esterification 90 XSnX 103

where C = per cent, by weight of carbon, Sn = specific
surface area by nitrogen adsorption, n = number of carbon
atoms in the molecule of alcohol employed. In calculating
the area, it was assumed that the area occupied by an
adsorbed nitrogen molecule was 16.2 A .2,

Specific Hydroxylated Surface Area.—The specific

(20) P. H. Emmett, “Symposium on New Method for Particle Size
Determination of the Sub-Sieve Range ” Amer Soe for Testing Ma-
terials, March 4, 1941, ¢ 95.

hydroxylated surface area is defined as that part of the
area of silica which is unesterified and thus still presents a
silanol (—SiOH) surface. To determine surface, Lowen
of our laboratory employed a modification of the method
of Shapiro and Kolthofi.2L The method depends on the
fact that methyl red is adsorbed from benzene by a silanol
surface, but not by the surface that is covered by alkoxy
groups. The method is particularly applicable to less
completely esterified surfaces, rather than tc completely
esterified surfaces which absorb no dye.

Results
Degree of Esterification of the Surface with 1-
Butanol.—In Table I it may be seen that the de-

gree of esterification (D.E.) increases with time
and temperature of reaction, and decreases with the
amount of water in the system at equilibrium. At
118° the specific hydroxylated surface area de-
creases continuously with time, so that it is prob-
able that eventually it would reach zero. It is pos-
sible to calculate the degree of esterification of that
part of the surface which is not hydroxylated.
Thus, for Experiments 1, 2, 3, 7 and 8 of Table I,
the numbers of butoxy groups per square mil-
limicron of esterified area were calculated from the
carbon content and the esterified area, which is the
difference between the hydroxylated and total
surface areas. In this group of experiments the
butoxy groups per square millimicron of non-
hydroxylated (or esterified) area ranged from 2.53
to 2.88, and averaged 2.7.

It is thus evident that the adsorption of methyl
red dye can give a measure of the hydroxylated
surface only up to a degree of esterification of
around 2.7 butoxy groups per sg. millimicron.
Beyond this point the butyl groups are so closely
packed that methyl red molecules cannot approach
the remaining hydroxyl groups, although butyl
alcohol can still penetrate to the surface and re-
action can continue until 3.8 groups are attached
per sg. millimicron (Expt. 6, Table I).

The packing of butoxy groups at degrees of esteri-
fication (D.E.) of 2.7 and 3.8 are represented in
Fig. 1. The area covered per butyl group at D.E.
of 2.7 is 37 A.2and at D.E. of 3.8is 26 A.2The area
covered by a butyl group, in the case of n-butyl-
amine adsorbed on sifica gel, according to Bartell
and Dobay223is 33 A.2 1t therefore appears that

(21) 1. Shapiro and I. M Kolthoff, 3. Am. Chem. Soc., 72, 776
(1950).
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Fig. 1.—Packing of butoxy groups on an idealized uniform surface of amorphous silica:
right, 3.8 groups per square millimicron.

per square millimicron;

the butyl groups effectively cover the surface at a
D.E. of 2.7. At about this point the surface be-
comes completely hydrophobic.

Maximum Degree of Esterification with Various
Alcohols.—The maximum number of butoxy groups
per unit area is determined not only by the cross-
sectional area of the butyl group (assumed to be a
cylinder of diameter of 4.45 A.), but also by the
fact that each group is attached to an oxygen atom
held in the surface by silicon. Thus the butyl
groups are not free to move about, but are anchored
in fixed positions. As shown in Fig. 1, butoxy
groups centered directly over silicon atoms in the
surface cannot be packed more densely than one
for every three silicon atoms on the surface,
the other two being linked to hydroxyls. Since
there are, on the average, 7.85 oxygen atoms on
each square millimicron of surface,24 one butyl
group for every three oxygen atoms corresponds
to 2.62 butoxy groups per square millimicron.
This is close to the value of 2.7 found in the above
dye-adsorption studies.

However, by straining bond angles and moving
three adjacent butyl groups apart as shown in
Fig. 1, it is possible to make room for another butyl
group and so increase the degree of esterification

(22) F. E. Bartell and D. G. Dobay. J. Am. Chem. Soc., 72, 4388
(1950).

(23) See p. 253. ref. 6.
(24) Ref. 6, page 242.
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left, 2.7 butoxy groups

to 3.8. It requires additional work to attain such
close packing, which is not achieved except under
conditions of high temperature and pressure. It
is evident that such a surface is covered with butyl
groups so closely packed that neither nitrogen nor
oxygen nor water molecules can penetrate to the
underlying silica surface.

Esterification of Different Silica Substrates.—
A wide variety of amorphous silica powders has
been surface-esterified with 1-butanol, as shown in
Table Il. The forms of silica include silica-fume
formed by combustion of volatile silica compounds,
wet and dry silica gels, aerogels and siliceous
pseudomorphs obtained by treating certain min-
erals, such as chrysotile asbestos, with strong acid.
Under equivalent reaction conditions, all the forms
of amorphous silica having specific surface areas
less than 500 square meters per gram are esterified
by a given alcohol to roughly the same degree.

Maximum Degree of Esterification with Different
Alcohols.—Typical estersils made with different
alcohols are shown in Table Il11. Study of avariety
of alcohols has led to these conclusions:

Branched chain alcohols, having a larger cross-
sectional molecular area, cover the surface with
fewer molecules. For a surface covered by
branched chain alkoxy groups, the “degree of
esterification,” as defined, is thus lower than in the
case of straight chain alcohols.
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Tabite Il
Estersils from Various Silica Substrates AND 1-BUTANOL
Autoclaving e Characterization of Estersils--------
Spec. - conditions------- Specific ~ Hydroxyl. Degree of
surf. Temp., Time, surface, surface,
Substrate type m.!/g. °c. hr. m.lg. m.Vg. % SiO, % C cation
B 100 195 | 96 89.6 2.15 2.8
B 97 190 | 91 4.8 89.44 2.55 3.5
B —100 200 | 107 0 89.5 2.25 2.6
B —100 195 | 101 89.57 2.15 2.6
B —150 300 | 150 3.9 88.74 4.15 2.8
Fibrous Si02from asbestos 225 2 125 0 85.6 3.58 3.6
Commercial aerogel 137 190 1 127 3.70 3.0
Fume silica 171 190 1 158 3.70 2.9
Commercial hydrogel (78% H«0) 290 0.5 184 2.0 91.5 5.37 3.6
Commercial pptd. silica 300 285 0.5 234 6.69 3.5
Commercial pptd. silica 285 0.5 240 0 5.94 3.1
D —200 1 277 0 87.67 6.56 3.5
D 358 190 1 302 0 7.94 3.3
D 370 190 1 312 0 8.08 3.2
E —300 1 738 0 18.90 3.2
Refluxing in
anhydrous
1-BuOH
B 118 3 107 24 89.2 1.54 1.8
Commercial aerogel 157 118 3 154 71 93.9 1.88 1.53
C 215 118 3 213 97 90.6 3.46 2.0
“Linde” silica“ 242 118 3 244 88 92.6 2.80 1.4
D 287 118 3 284 98 89.5 3.26 1.4
Commercial silica gel 118 3 356 108 91.4 3.45 1.2
E 571 118 3 567 158 85.2 5.08 1.1(5)

“ Linde Air Products Co.-—Data Sheet “Silica” (May 19, 1948).

Table |11

Esterification of Silica with Various Alcohols (Ethanol and Higher)
T s Characteristics of Estersil-------- -

Reaction Substrate Sp. Hydrox.
conditions Sp. area area area N Degree®
Alcoho °c. Hr. Type m.2g. m.Vg. m.2g* % Sio2 % C esterif.

Ethanol 225 | D 287 12 91.3 3.67 3.2
Ethanol 300 | D 303 0 5.26 .3
Ethanol 250 | B 82 0 1.10 3.4
Ethylene glycol 190 | B 200 2 92.7 3.29 4.1
1-Propanol 250 | A 82 1.74 3.5
1-Propanol D 285 6.42 3.8
1-Propanol 250 0.5 E 576 0 79.0 10.30 3.0
2-Propanol 300 1 D 302 302 1 89.0 5.57 3.1
1-Butanol 300 1 D 302 285 0 8.26 3.6
1-Butanol 190 1 B 97 91 5 89.4 2.55 3.5
2-Butanol 300 1 B 285 7.97 3.5
2-Butanol 300 1 B 285 5.88 2.6
2-Butanol 200 0.8 D 270 22 5.93 2.8
2-Butanol 275 0.8 D 355 0 6.77 3.2
Methylisobutylcarbinol 250 0.5 D 297 269 22 86.6 7.26 2.7

225 1 D 282 4 89.75 5.05 1.8
Benzvl alcohol 190 3 D 300 261 0 82.2 11.91 3.3
1-Octanol 200 1 D 285 80.4 12.05 2.6
1-Octanol 200 1 E 300 521 25.11 3.0
2-Octanol 175 1.5 A 133 0 91.8 4.34 2.0
1-Dodecanol 200 3 A 133 83.6 11.59 3.6
Trimethylhexanol 180 1 A 133 0 90.6 5.79 2.4
1-Octadecanol 200 3 A 133 0 83.9 12.5 2.6
1-Octadecanol 300 0.5 D 221 183 0 70.9 21.6 3.3
Branched Cis6 175 1 A 220 81.4 13.27 1.7

» When area of substrate was not available, degree of esterification was calculated from specific surface of the estersil.
h5,7,7-Trimethyl-2-(1,3,3-trimethylbutyl )-octanol.

Straight chain hydrocarbon groups, under a branch, it appears that adjacent groups can orient
given set of reaction conditions, may each cover so that such groups can also pack together so that
about 37 A.2 For a hydrocarbon group with one each group covers about 37 A.2 of surface. The
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Fig. 2.—Degree of esterification of the silica surface as a
function of the reaction time.

SILICA SURFACE - HYDROXYL GROUPS

PER SQUARE MILLIMICRON.

_Fig. 3.—Degree of esterification of a silica surface par-
tially dehydrated at elevated temperature before reaction
with 1-butanol at 118°.
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diameter of a more highly branched hydrocarbon
group may be estimated at its widest point in
terms of a “branch-number,” designated “n.”
Where the branch number is 3 or greater,dhe cross-
sectional area can be estimated as 14 n A.2 This
assumes that each branch, when closely packed with
others, has a cross-sectional area of 14 A.2 This is
less than the value of 20 A.2usually given as the
cross-sectional area of a straight chain hydrocarbon
group in a monomolecular film under compression
on water.®5 Thus the ester film must be quite
highly compressed or at least oriented so as to
permit closest packing. Probably the chains coil
or expand to prevent closest packing of the
branches.

A series of calculated and observed values for the
degree of esterification attainable under conditions
where butanol gives a D.E. of 2.7, are listed in
Table 1V.

The Unusual Behavior of Methanol.—The effec-
tive cross-sectional area of the methoxy group is re-
ported to be 18 A.2% from measurements of the
heat of adsorption of methanol vapor on silica
gel. This means that the maximum possible degree
of esterification should be about 5.6 for methanol,
as contrasted with 3.8 for the higher alcohols.
In general, it is not possible to achieve this maxi-
mum by merely increasing the temperature and
pressure. Thus, increasing the esterification tem-
perature in the autoclave from 225 to 275° in-
creased the D.E. only from 4.4 to 4.6 CH3®/sq.
millimicron. However, it was discovered?Z that
if the water formed in the esterification reaction
were removed from the system, a close-packed
methoxy surface can be achieved. Under anhy-
drous conditions a maximum of 5.8 CH3®/sq.
millimicron may be attained at 290° and autog-
enous pressure.

Table IV
Surface Covered by Branched Chain Alcohols
D.E.° D.E .«
Alcohol n Observed Calculated

1-Butanol 1 2.7 2.7
1-Propanol 1 2.7 2.7
2,3-Hexanediol 2 2.6 2.7
2-Ethylhexanol 2 3.0 2.7
2,2,4-Trimethylhexanol 3 2.4 2.4
Di-isopropylcarbinol 4 1.7 1.8
Octadecyl alcohol6 5 1.7 1.4
K-Octadecyl alcohol 1 2.7 2.7

“D.E. = degree of esterification, butoxy groups per sq.
millimicron. 65,7,7-Trimethyl-2-(1,3,3-trimethylbutyl)-
octanol.

Esterification Kinetics and Equilibrium.—The
surface reaction is assumed to be

-SiOH + ROH £ 5:-SiOR + HD

and the rate equation is formulated as
AA

N —

= -VfA(ROH) + K{HD)(AO- A)

(25) H. B. Weiser, “A Textbook of Colloid Chemistry,” 2nd ed.,
John Wiley & Sons, New York, N. Y., 1950.

(26) N. N. Avgul, et al., Doklady Akad. Nauk., U.S.S.R., 77, 625
(1951).

(27) E. C. Broge, U.£s. Patent 2,736,668 (E. 1. du Pont de Nemours
& Co., Inc., 1956).
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A, the specific hydroxylated surface area (un-dehydrated.

esterified silanol groups) as measured by the ad-
sorption of methyl red dye from benzene, was taken
as a measure of the activity of the surface groups.
Ki and Kt are the specific velocity constants for
the esterification and hydrolysis reactions, AQis the
specific silanol surface of unesterified silica and
(ROH) and (H2D) are the activities of butanol
and water in the heterogeneous system.

Using a graph (Fig. 2) showing degree of esteri-
fication and water concentration as a function of
reaction time, a smooth curve was fitted to the
data points (see Table V).

The individual values of Ki, Krand Kethen were
correlated by plotting log K vs. T~I, and least-
squares lines were drawn to fit the data points and
serve as best estimates of the kinetics and equi-
libria of the esterification reaction. Slopes of these
lines were used to compute the heats of activation
and of reaction.

Correlation of the rate constants by means of
a simplified Arrhenius equation gave an energy
of activation of 21.9 kcal. per mole of ester groups
for the esterification reaction and 9.0 kcal. per mole
for the reverse (hydrolysis) reaction. In a similar
manner, a simplified van't Hoff isochore equation
applied to the equilibrium constants indicated
an endothermic heat of reaction of 12.1 Kkcal.
per mole of ester group

Esterification of Thermally Dehydrated Silica—
The silanol groups on the surface of amorphous
silica can be partially dehydrated by heating the
powder at 150 to 500°.8 If the silica is thermally
dehydrated before reaction with 1-butanol, the
esterification reaction proceeds more rapidly.®
The degree of esterification obtained by refluxing
the silica with 1-butanol at 118° depends on the
temperature at which the silica previously has been

(28) See p. 234 ot ref. 6.

(29) M, T. Goebel, U. S. Patent 2,736,669 (E. X du Pont de Nemours
& Co., Inc., 1956).
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A possible explanation for this effect
is that the dehydrated silica surface is much more
reactive with alcohol, acting perhaps as an acid
anhydride. Although the surface actually cannot
be completely dehydrated, extrapolation of the
line in Fig. 3 suggests that a completely anhydrous
surface, if it could be attained, would become
covered with butoxy groups (2.7 per square milli-
micron). Active Si-O-Si bonds on the silica sur-
face (formed by thermal condensation of adjacent
SiOH groups) thus probably react with alcohols
as follows, the linkages from silicon to the under-
lying particle not being shown.

Table V

Variation in Reaction Rate and Equilibrium Constants

with Temperature

Temp., Ki (hr.) If’(wt. % Ra = Ki/Kt
Run °C. (fir.") H2D) > (wt. % HjO)
1 118 0.012 0.078 0.15
2 160 0.14 0.17 0.82
3 160 0.60 0.22 2.7
4 220 18.4 2.2 8.4
5 220 7.7 0.5 15.4
6 245 11.2 0.6 18.7
7 260 27.9 1.9 14.7
8 320 116 3.6 32

Si-O-Si + ROH — ->SiOR + SiOH
Simultaneously, some of the silanol groups react

SiOH + ROH — > SiOR + HD
Si-O-Si + H,0 — > 2SiOH

In practice, thermal dehydration of finely divided
silica to give fewer surface SiOH groups than about
2.0 per square millimicron is not possible, since
temperatures in excess of 650° are required. Sin-
tering, with loss of surface area, occurs above this
point. However, by first dehydrating silica at
450-500°, in air, definitely hydrophobic products
can be obtained simply by boiling the dehydrated
powder in an alcohol such as 1-butanol, and drying.

THE INFLUENCE OF SUBSTRATE

STRUCTURE IN THE SiO2H D, SiOsn-HEXANE AND Si02CH3IH SYSTEMS

By R. L. Every, W. H. Wade and Norman Hackerman

Department of Chemistry, The University of Texas, Austin, Texas
Received May 2, 1960

The free energies of adsorption for these systems were calculated from adsorption isotherms at 25° using the Gibbs ad-

sorption equation.

In particular, the effects of particle size and of outgassing treatments were investigated.

Of special

interest was the finding of maxima in the free energy of adsorption of all three adsorbates in the middle range of particle

sizes studied.

Introduction

This work is an extension of that reported earlier
on the effect of particle size of Si02on calorimetri-
cally determined heats of immersion in water.1 A
review of the literature reveals that although
several workers have investigated surface ther-
modynamics, using a variety of adsorbents, few

(1) W. H.Wade, R. L. Every and N. Hackerman, T his Journal, 64,
355 (1960).

Specific surface areas varied from 0.070 to 188 m.Vg.

have tried to correlate adsorption properties to
particle size. One group of investigators2 found
that the heat of immersion of silica gels decreased
with decrease in particle size and some previous
work done in this Laboratoryl8indicated a varia-

(2) M. M. Egorov, K. G. Krasil'nikov and E. A. Sysoev, Doklady
Akad. Nauk, S.S.S.R., 108, 103 (1956).

(3) A. C. Makrides and N. Hackerman, Tnis Journar, 63} 594
(1959).
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Table la
W ater
Sample C
Sample A° Sample B OG 160° & Sample D Sample D Sample D Sample E Sample F  Sample G Sample G
OGb 160° OG 160° 260° OG 115° OG 160° OG 260° OG 160° OG 160° OG 115° 0OG 260°
p/p« V/Pc V/P V/P V/P V/P V/P V/P V/P V/P V/P
0.01 1.299 1.575 3.898 3.642 3.799 3.799 4.390 0.299 0.287 0.228
.025 1.083 1.358 2.677 1.378 2.835 2.835 3.091 .276 .260 197
.05 0.854 1.126 1.366 1.126 1.693 1.594 1.760 .256 .220 .150
.10 .618 0.783 0.957 0.902 1.146 1.122 1.181 .201 173 .130
.20 421 .543 .642 .665 0.728 0.795 0.776 .165 .130 114
.30 .335 465 531 .539 571 .622 .610 146 114 .106
.40 291 374 472 .484 496 .547 516 134 .102 .102
.50 .264 .339 437 453 453 512 .469 134 .102 .102
.60 .264 331 417 441 441 492 .457 142 110 .106
.70 .264 342 425 .457 .457 .500 465 157 126 114
.80 272 .398 449 512 .524 591 516 .209 .150 146
.90 .382 531 .500 .764 .697 .846 677 .315 .236 .236
.95 472 .681 .563 .906 .866 1.035 .866 374 .307 .307
.98 571 .815 .614 1.000 1.012 1.181 1.032 453 .343 .343
° See Table Il for specific surface area. 6 Outgassing temperature. c¢ Units = cc. at S.T.P. per m.2per cm.
Table |Ib
Methanol
Sample A Sample B Sample C Sample D Sample D Sample E Sample F Sample G
OG 160° OG 160° OG 160° OG 160° G 260° OG 160° OG 160° OG 160°
P/P° V/P V/P V/P V/P V/P V/P V/P V/P
0.01 0.685 0.515 0.860 0.890 0.300 1.100 0.425 0.255
.025 .305 405 .500 480 .210 0.825 .305 .180
.05 172 .255 .297 .286 .156 470 .186 122
.10 .100 .158 172 151 .103 .204 .109 077
.20 .055 .091 .098 .089 .056 117 .061 .045
.30 .040 .065 .070 .065 .041 .085 .042 .035
.40 .033 .054 .054 .054 .035 .067 .036 .029
.50 .029 .046 .047 .046 .032 .058 .032 .025
.60 .027 .043 .044 .043 .030 .053 .030 .023
.70 .025 .040 .043 .043 .030 .050 .030 .022
.80 .025 .042 .044 .045 .035 .050 .032 .024
.90 .029 .049 .049 .055 .045 .056 .038 .031
.95 .032 .059 .053 .064 .053 .065 .045 .041
.98 .035 .067 .056 .072 .060 .075 .057 .050
Table lc
71-He XANE
Sample C
Sample A Sample B OG 160 and Sample D Sample D Sample E Sample F Sample G
OG 160° OG 160° 260° OG 160° OG 260° OG 160° OG 160° OG 160°
p/po V/P V/P V/P V/P V/P V/P V/P V/P
0.01 0.0320 0.0360 0.0355 0.0480 0.0480 0.0405 0.0123 0.0123
.025 .0240 .0230 .0301 .0180 .0245 .0305 .0117 .0117
.05 .0173 .0168 .0262 .0153 .0214 .0185 .0110 .0110
.10 .0115 .0142 .0218 .0134 .0180 .0155 .0103 .0103
.20 .0077 .0123 .0179 .0129 .0150 .0138 .0095 .0095
.30 .0065 .0117 .0155 .0128 .0136 .0134 .0095 .0094
.40 .0060 .0115 .0138 .0127 .0131 .0133 .0096 .0094
.50 .0060 .0116 .0130 .0127 .0130 .0135 .0099 .0095
.60 .0060 .0121 .0126 .0127 .0134 .0140 .0105 .0098
.70 .0063 .0132 .0128 .0131 .0140 .0151 .0118 .0105
.80 .0072 .0153 .0142 .0161 .0162 .0170 .0155 .0120
.90 .0097 .0198 .0190 .0216 .0216 .0232 .0257 .0163
.95 .0126 .0260 .0271 .0300 .0300 .0300 .0362 .0200
.98 .0157 .0350 .0356 .0405 .0405 .0375 .0420 .0223

tion of the heats of immersion with specific surface

area. Zhdanov4noted a change in position of the

adsorption isotherms (normalized to unit surface

area) of water on quartz of varying specific areas,

but made no mention of surface thermodynamics.

In another study of the free energy of adsorption
(4) S. P. Zhdanov, Proc. Acad. Sci., USSR, 120, 277 (1958).

on porous solids, no effect due to particle size was
found.6 In the present study, an attempt was made
to characterize systematically the adsorbent be-
havior of seven different, non-porous SiCbh samples.
The adsorbates (water, rc-hexane and methanol)

(5) R. G. Craig, 3. J. Van Voorhisand r. E. Bartell, This Journar,
60, 1225 (1956).
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Table Ha

Crystal Surface area Outgas ~ --mm-mee- 7r(erg/lcin.--------- AFa, T Wegg; ---------- -

Sample structure m.Vg.« temp., °C. 0-0.9P0 (M.OPo erg/cm.2 erg/cm.2 0C, U((A*9

A" (S-Quartz 0.070 160 93.1 105.7 729.1 2.09 20.4

B (3-Quartz .138 160 118.7 127.8 546.5 1.41 16.8

C J3-Cristobalite .54 160 & 260 158.8 173.9 531.1 1.20 12.5

D4 /3-Quartz .91 115 176.0 199.8 341.5 0.482 12.2

160 203.5 227.1 388.5 .542 11.0

260 206.4 233.7 485.8 .845 10.8

E (3-Quartz 8.12 160 191.8 215.1 334.5 401 11.9

F Amorphous (?) 162 160 39.5 49.6 -29.2 - .264 36.5

G* Amorphous* 188 115 32.8 40.9 43.5 .0087 51.6

260 25.8 33.9 42.9 .0030 55.5

° Supplied by Cleveland Quartz Works, General Electric Company. 6Supplied by C. A. Wagner, Inc. ' Supplied by

Godfrey L. Cabot, Inc. (Cab-O-Sil).

dDetermined by Godfrey L. Cabot, Inc.

é Surface areas were measured by Kr

adsorption with the exception of samples F and G which were measured by Dr. J. W. Whalen of the Magnolia Petroleum

Company Field Research Laboratory using N. adsorption.

Table lib
Methanol-—-—- e N-Hexane—

Surface area, Outgas Verg/cm.Q---------- S
Sample m.Vg. temp., °C. 0-0.9P° 0-1.0P° 6 (AA) 0- 0.9P° 0 - 1.0P« (AA)
A 0.070 160 75.1 79.7 27.9 12.51 14.62 168.9
B .138 160 107.3 115.1 19.6 20.47 24.99 70.6
C .54 160 122.7 129.7 18.6 24.11 28.80 54.8
D 91 160 121.4 130.3 18.6 21.93 27.61 51.9
260 54.1 67.8 28.9 23.91 28.53 48.8
E 8.12 160 154.6 163.2 14.1 23.41 28.40 49.8
F 162 160 77.3 83.8 28.4 17.17 23.05 71.4
G 188 160 55.9 61.4 31.9 15.52 18.95 76.2

were chosen to provide a polar compound, a non- were controlled by water-baths to +0.01°. Room tem-

polar material, and one which was intermediate in
character.

Experimental

Material.—The seven samples of SiOi investigated are
listed in Table Ila.3 Samples B and E were obtained from
sample A by sedimentation from water. Sample B was
drawn off in less than one minute and sample E was that
portion which remained in suspension longer than 24 hours.
Sample C was prepared from sample D by heating to 1510°
followed by a rapid water quench. The resulting material
was found by X-ray diffraction to be approximately 90%
cristobalite and 10% quartz. Sample F was prepared from
sample G by heating for 8 hours at 800° and subsequently
exposing it to saturated water vapor for two weeks.

Prior to adsorption measurements, the samples were
vacuum outgassed for 36 hours at an elevated temperature.
The usual temperature was 160°, selected as the best compro-
mise between the maximum removal of the physically
adsorbed water and the minimum loss of surface hydroxyl
groups.

The water used was doubly-distilled and after being
attached to the vacuum system was repeatedly frozen with
Dry Ice and degassed under a vacuum of about 10~8 mm.
until free of dissolved gases. The n-hexane was obtained
from Phillips Petroleum Co. and analyzed by them to be
99.98% pure. The methanol was obtained from Baker
Chemical Co. and analyzed by them to be 99.9% pure.
The ra-hexane and methanol each were refluxed under
vacuum with CaH2for a period of two hours to reduce the
water content to a minimum. The materials were dis-
tilled into receiver bulbs with standard break-off seals and
these bulbs were sealed and removed from the condenser
while under vacuum. The bulbs then were attached to the
adsorption apparatus. They were repeatedly frozen with
liquid nitrogen and degassed under a vacuum of about 5 X
10~5mm. until free of dissolved gases.

Apparatus.—The volumetric adsorption apparatus for
water has been described previously.6 The same general
design was used in the construction of two other volumetric
adsorption systems for hydrocarbon studies. These were
equipped with mercury cutoffs so as to prevent contamina-
tion by stopcock lubricant. The sample bulb temperatures

(6) N. Hackerman and A. C. Hall, This Joubnal, 62, 1212 (1958).

perature was maintained approximately 2° above sample
temperature to avoid spurious condensation. Pressures
were read from large bore mercury manometers with tra-
veling telescopes of 0.01 mm. readability.
Calculations.— The free energies of adsorption for the sys-
tems indicated were determined from application of the
0= p°
PEp TdInP

P=o

Gibbs equation to adsorption isotherms measured at 25°.,_10
Here x is the free energy of adsorption per cm.2 R is the gas
constant, T is the temperature, T denotes the excess surface
concentration in moles per cm.2 and P is pressure. Assum-
ing ideality in the gas phase, T is quite simply related to the
volume of gas adsorbed per cm.2 at S.T.P., V. Xx was
evaluated graphically from plots of V/P vs. P/P° to provide
the numerical solution to the integral. The isotherms were
difficult to reproduce near saturation vapor pressure so that
the isotherms and their derived quantities carry some un-
certainty in the extrapolation to P°. However, the
isotherms were satisfactory up to about 0.9P° and these
values of the integral from zero pressure to 90% saturation
were also shown in Table Il. The former extrapolation to
Pe realistically limits the accuracy of the x values to + 5%.

Integrated heats of adsorption AHa for the water-SiCh
system, as shown in Table Il, were calculated from previ-
ously published work38in which the heats of immersion were
reported. The difference between the heat of immersion
and the integral heat of adsorption with liquid water as the
reference state is just the surface enthalpy of water which is
given as 118.5 erg/cm.211 From the experimentally deter-
mined quantities, x and AH&, the entropies of adsorption
(Table 11) were calculated for this system using the two
dimensional thermodynamic analog

X = AFa - TAiSo

It should be noted that for a more exact treatment, the
entropies of adsorption should be normalized to constant

(7) 3. W. Gibbs, “Collected Works,” Longmans, Green and Co.,
New York, N. Y, 1928 p. 315.

(8) L. E. Drain and J. A. Morrison, Trans. Faraday Soc., 48, 316
(1952).

(9) D. H. Bangham, ibid., 33, 805 (1937).

(10) D. H. Bangham and R. I. Razouk, ibid., 33, 1463 (1937).

(11) W. D. Harkins and G. Jura, 3. Am. Chem. Soc,, 66, 919 (1944).
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P/P°.
Fig. 1.—Volume adsorbed per m.2 vs. relative pressure.
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Fig. 2.—Free energy of adsorption vs. specific surface area.
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surface coverage. The entropies as tabulated were obtained
at constant relative pressure and vary from that at constant
surface coverage by not more than 15%.

The effective area of the substrate occupied by the various
adsorbate molecules, a (Table I1), was calculated using the
B.E.T. method. Experimental points used in these calcula-
tions were taken in the pressure range 0.05P° to 0.30P0.

Results and Discussion

A typical set of adsorption data for the three ad-
sorbates on a particular Si02sample appear in Fig.
2. All graphs used in these calculations were con-
structed from between twenty and fifty experi-
mental values, with the values having an average
deviation of less than 2% from the line as drawn
(except as noted in discussion). For the purposes
of brevity, only the single set of isotherms is
given in Fig. 2, but if one wishes, the remaining
isotherms may be reconstructed by reference to
Table I. In this table, points at arbitrarily selected
intervals of P/P° were chosen from the smoothed
V/P vs. P/P° plots.

The non-porous character of the seven adsorbent
samples was confirmed by the reversibility of the
adsorption isotherms at high relative pressures with
all three adsorbates. The hexane, methanol and
water desorption branches followed the adsorption
branches at all relative pressures, with the exception
of the water desorption curves on samples D and E.
These two samples showed small hysteresis loops

Vol. 65

at relative pressures below 0.4P°. Most likely,
these loops are due to slow hydration-dehydration
processes of a small portion of the surface which
had been converted to the siloxane surfacel2during
the outgassing operation. The hexane adsorption
isotherms were difficult to characterize lower than
0.15PQ fluctuating about a mean as much as 5%.
Since the tevalues for hexane (Table Il) are only
about 0.1 of those for water, these fluctuations may
be only a reflection of the weakness of the van der
Waals forces involved in hexane adsorption.1316

Effect of Outgassing Temperature.—The effect
of outgassing temperature on the adsorption iso-
therm of water on crystalline Si02 was found to
differ from that of water on amorphous Si02
From Table la, it is seen that as the outgassing
temperature is increased for the 0.91 m.2g. quartz,
the volume of water adsorbed is increased. This is
due no doubt to a progressive removal of physically
adsorbed water and surface hydroxyl groups at the
highest outgassing temperatures. Since hysteresis
was observed, any siloxane bridges formed during
outgassing must slowly rehydrate on exposure to
water vapor as previously noted. Any methylation
of the siloxane groups formed at the higher out-
gassing temperatures must be a reversible process.16
This is suggested by absence of hysteresis at low
relative pressure and by a decrease in methanol
adsorption with increased temperature. The latter
behavior, unfortunately, is complicated by the loss
of the remnants of physically adsorbed water which
might promote methanol adsorption via enhanced
hydrogen bonding.

In contrast to the water behavior on crystalline
SiCh an increase in outgassing temperature for the
amorphous 188 m.2g. material results in a decrease
of water adsorbed. Apparently the configuration
of the amorphous Si02 surface is such that the
dehydration of silanol groups is completely irre-
versible.  Previous weight loss measurements'
have set as an upper limit 20H’s/100 A.2for this
material. This increasing hydrophobicity toward
polar molecules with increasing outgassing tempera-
ture has been noted by others,I7 and would now
appear to apply only to amorphous surfaces.
Whether adsorption isotherms as a function of out-
gassing temperature can be used as a criteria for
characterizing surfaces as amorphous or crystalline
remains to be seen. However, the above noted dif-
ferences indicate that isotherms could be useful in
this respect. Moreover, the increase in the entro-
pies of adsorption with outgassing temperature for
samples D and G (Table Ila) would be expected for
a progressively dehydrated surface.

Particle Size Effect.—The plot of free energy of
adsorption (Fig. 2) for the three adsorbates as a
function of specific area of the adsorbents shows a
maximum which decreases in prominence in the
order: water, methanol and n-hexane. If one ex-

(12) R. K. Her, "The Colloid Chemistry of Silica and Silicate,”
Cornell University Press, Ithaca, New York, Chapter VIII.

(13) A. V. Kiselev, Proc. Acad. Sci., USSR, 100, 1046 (1956).

(14) A. A. Isirikian and A. V. Kiselev, ibid., 115, 343 (1957).

(15) L. D. Beliakova and A. V. Kiselev, ibid., 119, 155 (1958).

(16) A. V. Kiselev, K. G. Krasil'nikov and L. N. Soboleva, ibid., 94,
85 (1954).

(17) J. H. deBoer, M. E. A. Hermans and J. M. Vleeskens, Koninkl.
Ned. Akad. Wetenschap, Proc. Ser. B, 60, 45 (1957).
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pected a simple monotonic decrease in t as was
observed for the heats of immersion, the results
obtained over the particle size range would be quite
unexpected. The observed wvs. area behavior can
be understood only in the light of a previously ad-
vanced hypothesis, namely, that the large variation
in immersional heats with particle size is due to a
direct correlation between crystallinity and particle
size. A qualitative explanation based on low
specific area samples having crystalline surfaces
and high specific area samples having amorphous
surfaces has been offered, and in previous work the
amorphous character of the Si0O2surface has been
discussed at some length3 The entropy data ob-
tained from the present investigation serve to
demonstrate the gradual transition from a crystal-
line to an amorphous surface with decreasing parti-
cle size. Unless the adsorbed layer is completely
mobile in character, adsorption on a periodic cry-
stalline substrate will produce an entropy change
more negative than that for adsorption on an aperi-
odic amorphous surface. If once again, one assumes
a direct proportionality between specific area and
crystalline-amorphous character of the surface,
then Table Ila provides verification of this in the
entropy data for the system SiO2water. The
comparable magnitudes of the AHaand FA&a con-
tributions to the free energy explain the existence of
the maximum in the water-Si02system. Undoub-
tedly, the same interpretation should be taken for
the methanol-SiCh and the ?i-hexane-Si02systems,
although there are no experimental enthalpy data
available at the present time. One would expect
that as bonding forces become progressively weaker
in going from water to methanol to n-hexane, the
free energy would be less dependent on details of
the surface structure, and it is noted that the max-
ima do become less pronounced.

The only data in disagreement with this interpre-
tation are for sample F-water system which gives a
negative A<X. Previous anomalous results have
been obtained for this sample,1but all data taken
have been consistently reproducible.

Although the data for the /3-cristobalite fit the &
Vs. area curves, this may be fortuitous since the
material was converted to /3-cristobalite from /3
quartz subsequent to any grinding operation.
Since bulk recrystallization occurred, it is reason-
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able that any surface amorphicity was simultane-
ously removed.

Unfortunately, it was impossible to obtain the
entire spectrum of particle sizes studied from a
single sample so that the entire mode of surface
generation could be laid to a single type of opera-
tion, i.e., grinding. The three samples, A, B and
E, which were obtained by a single grinding opera-
tion, are consistent with the remaining samples.
In the actual grinding operation, the largest parti-
cles will have had the shortest life. In other words,
the smaller the particle, the longer will have been
its grinding history. This means that the smallest
particles obtained have been subjected to both the
highest pressures and highest local grinding tem-
peratures. Here we have two compensating
effects: (a) the crushing of the quartz during which
the sample is plastically deformed and the Si+4ions
are replaced in the surface by the polarizable O-2
ions—-an amorphous layer being produced8—and
(b) an annealing process due to the high local tem-
peratures which partially restores the crystal struc-
strueture.’9 It is impossible from the present data
to assign quantitative values for processes (a) and
(b). Qualitatively, process (a) seems to over-
shadow (b) for the samples studied.

It is interesting to note that u for the adsorbate
molecules on the various samples (Table I1) parallel
the free energies of adsorption, the minimum value
of 0 occurring in the middle range of particle size
studied, coinciding with the maximum value of t.
Two independent reasons should be given for the
low adsorbate density in the first layer for both the
lowest and highest specific area samples. For the
crystalline low area samples, the area is governed
by periodicities of the lattice substrate, whereas, for
the amorphous high area samples, the packing is
governed by the concentration of sufficiently high
energy adsorption sites.

Acknowledgment.— This work is a contribution
from the Department of Chemistry, The University
of Texas. The authors wish to take this oppor-
tunity to express their appreciation to the American
Petroleum Institute (Project 47D) for their con-
tinued support and interest in this project.

(18) R. Gomer and C. S. Smith, “Structure and Properties of Solid

Surfaces,” The Univ. of Chicago Press, Chicago, 111, 1953, Chap. IV.
(19) D. D’Eustachio and S. Greenwald, Phys. Rev., 69, 532 (1946).
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The pore volume structures of intact bundles of chrysotile asbestos fibers were studied with water vapor adsorption-de-

sorption isotherms.
more than 5% based on the total sample volume.
than 60 A. in diameter.

In the three samples examined, the total pore volume ranged from a little less than 4% to a little
In all the samples more than 80% of the void volume existed in pores less
It was concluded from the pore volume distribution that fundamental chrysotile fibrils exist in a

cylindrical or near-cylindrical form with an average outer diameter of 200 to 250 A. and an average effective inner diameter
of 20 to 50 A. The packing space between the fibrils probably isirregular, but it has an effective pore size of the same order

of magnitude as the internal pores within the fibrils.

Introduction

The structure of chrysotile asbestos has been the
subject of considerable interest and controversy
since it was noted about ten years ago that the fibers
had the appearance of hollow tubes when viewed
with an electron miscroscope.l In the case of many
natural fibers these “tubes” were reported to have
apparent outer diameters in the range of 300 to
400 A. and inner diameters in the range of 100 to
200 A. Later, however, it was shown23 that this
simple “hollow tube” hypothesis was not in agree-
ment with the small amount of void volume actu-
ally observed in naturally occurring bundles of
asbestos fibers. Whereas void fractions of 25% or
more would be required for bundles of hollow tubes
of the dimensions suggested above, the void frac-
tions observed experimentally were of the order of
6%. To account for this discrepancy in void
volume, it was suggested then that the fibers might
be in the form of distorted laths or ribbons rather
than hollow tubes. However, the distorted lath
hypothesis is not able to account satisfactorily for
the X-ray diffraction data obtained with chrysotile.
These data4‘7 appear to indicate that chrysotile
does have a cylindrical crystal lattice.

Several hypotheses have been proposed in the
past few years which attempt to reconcile the
“hollow tube” appearance of chrysotile fibers with
the lack of any large amount of void space in macro-
bundles of the fibers. Whittaker8 has suggested
that the “hollow tubes” are filled with curved laths
of the same composition and structure as the tubes
themselves. Bates and Comer,90n the other hand,
have proposed that the tubes contain “amorphous”
material of essentially the same composition as
chrysotile but with an irregular crystal lattice due
to a high degree of strain in the structure. Ac-
cording to Bates the high degree of strain is a result
of the physical restriction of the material so that its
crystal lattice cannot assume the optimum strain-
free radius of curvature which exists in the wall
proper of the fiber tube. Some of this “amorphous”

(1) T. F. Bates, L. B, Sand and J. F. Mink, Science, 111, 512 (1950).
(2) F. L. Pundsack, This Journa1, 59, 892 (1955).
(3) F. L. Pundsack, ibid., 60, 361 (1956).
(4) E. J. W. Whittaker, Acta Cryst., 7, 827 (1954U
(5) E. J. W. Whittaker, ibid., 8, 261, 265, 571 (1955).

(6) H. Jagodzinski and S. N. Bagchi, Neues Jahrb. Mineral.
Monatsh., 97 (1953).

(7) H. Jagodzinski and G. Kunze, ibid., 95, 113, 137 (1954).

(8) E.J. W. Whittaker, Acta Cryst., 10, 149 (1957).

(9) T. F. Bates and J. J. Comer, “Proceedings of the Sixth National
Conference on Clays and Clay Minerals,“ Pergamon Press, New York,
N. Y., 1959, pp. 237-248.

material is also said to occupy part of the packing
space between the tubular fibers when they exist in
the form of bundles. Bates and Comer have pre-
sented electron micrographs as evidence of the
amorphous material within and around the tubular
fibers.

This paper describes pore size distribution stud-
ies on intact bundles of natural chrysotile fibers and
relates the data to the morphology of the fibers.

Experimental

The determination of pore volume distribution in porous
solids with nitrogen gas adsorption-desorption isotherms is a
well established procedure.d However, the use of nitrogen
to obtain adsorption-desorption isotherms with intact
bundles of chrysotile presents some difficult experimental
problems. These problems arise because the total amount
of void volume in the fiber is relatively small—on the order
of only 0.02 cc./g. of solid. In addition, the diffusion path
of nitrogen into a block of fiber bundles is very long, and it
requires many hours, even days, for equilibrium to be
established. This is true particularly in the regions where
adsorption and desorption change most markedly with
variations in the relative pressure of the gas, and it is these
regions that are crucial in a pore volume distribution analy-
sis. During the long periods which are required for equilib-
rium to be established, it is difficult to maintain completely
stable conditions in a vacuum apparatus operated at liquid
nitrogen temperatures. Therefore, up to this time we
have not been able to obtain a satisfactory, reproducible
adsorption-desorption isotherm with nitrogen gas on intact
blocks of chrysotile fiber bundles.

In view of the unsatisfactory state of the work with nitro-
gen gas, an effort was made to obtain water vapor adsorp-
tion-desorption isotherms at room temperature on relatively
large blocks of intact fiber bundles.

Materials.—Sample 1—an intact block of chrysotile
fibers about 1.5 cm. long with an average cross-section
dimension of 3.1 cm. from the Jeffrey Mine, Asbestos,
Quebec. Sample 2—an intact block of chrysotile fibers
about 4.0 cm. long with an average cross-section dimension
of 1.2 cm. from the Jeffrey Mine, Asbestos, Quebec. Sample
3—an intact block of chrysotile fibers about 5.0 cm. long
with an average cross-section of 1.0 cm. from the Cassiar
Mine, British Columbia.

Procedure.—The fiber samples were placed in a hygrostat
maintained at the desired relative humidity with a suitable
saturated salt solution.1112 A relative humidity value of
0% (i.e., p/po = 0) was assigned to the atmosphere in
equilibrium with anhydrous magnesium perchlorate. The
temperature range was 25 + 2° during the course of the sorp-
tion experiments.

The fiber samples were removed from the hygrostat from
time to time and weighed until constant weight was attained.
In the middle range of p/pa values it often required a week
or more to attain equilibrium. Each sample was run through
the entire adsorption-desorption isotherm twice, and the
isotherms were found to exhibit very good reproducibility.

(10) E. P. Barrett, L. G. Joyner and P. P. Halenda, 3. Am. Chem.
Soc., 73, 373 (1951).

(11) F. E, M. O'Brien, J. Sci. Instr. and Phys. in Ind., 25, 73 (1948).

(12) A. Wexler and S. Hasegawa, J. Research, Nall. Bur. Standards,
53, 19 (1954).
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Results and Discussion

The water vapor adsorption-desorption data for
samples 1 and 3 are shown in Fig. 1. The isotherm
for sample 2 was similar to that for sample 1. The
isotherms can be classified as Type IV in the BET
system,13and they are characteristic of substances
with a limited pore volume. The surface areas of
the samples were calculated with the BET equation
and are shown in Table I. In making the surface
area calculations an area of 10.5 A.2was assigned to
an adsorbed water molecule.

Table |

Surface Areas, Void Volumes and Average Pore Radii

for Intact Bundles of Chrysotile Fibers

Surface Void Av. pore

area, volume, % Void radius,
Sample m.9g. cc./g. volume® A
1. Jeffrey 18.9 0.0210 51 22.2
2. Jeffrey 16.8 .0218 5.3 26.0
3. Cassiar 21.3 .0158 3.9 14.8

“ Calculated on the basis that the absolute specific volume
of solid chrysotile is 0.391 cc./g.

The total volume of voids per gram of sample is
also shown in Table I. This value is based on the
assumption that the volume of water adsorbed at
p/pa= 1.0 just fills all the void space in the sample
and that to a first approximation this adsorbed
water has a density of 1. The volume of voids per
gram, V, and the surface area per_gram, A, can be
related to an average pore radius, Rp, by the simple
relationship shown in equation 1.

Rp = 2V/A (1)

This expression, which is derived with the as-
sumption that the void space exists in the form of
cylindrical pores, has been shown to give fairly
reliable estimates of the average pore radii in porous
solids.14 The average pore radii shown in Table |
were calculated with equation 1 and they indicate
that all the samples have a relatively small average
pore size. This verifies the observation3that for the
most part natural chrysotile fibers do not exist as
simple hollow tubes with relatively large pores (e.g.,
100 to 200 A. diameter). However, the pore sizes
that are observed are not compatible with a closely-
packed ribbon or lath-type of fiber either. On the
other hand, the data do fit in a general way the
“stuffed-tube” hypotheses which have been ad-
vanced recently.89

Although the use of equation 1 does give an indi-
cation of the order of magnitude of the pore size in
the samples, a better description of the pore struc-
ture can be obtained with a pore volume distribu-
tion analysis. In general the condensation of adsor-
bate vapor in small capillary pores is governed by
the Kelvin equation

—2<rF cos 3

riRT @

where p/po = partial pressure, § — surface tension
of adsorbate, V = molai volume of liquid adsor-
bate, 3 = contact angle, nc = Kelvin radius of the
pore, R = gas constant and T = absolute tempera-

(13) S. Brunauer, “The Adsorption of Gases and Vapors,” Prince-
ton University Press, Princeton, N. J., 1943.

(14) A. Wheeler, “Catalysis,” edited by P. H. Emmett, Vol. Il,
Reinhold Publ. Corp., New York, N. Y., 1955, p. 109.
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R’
Fig. 1.—Water vapor sorption 25° on chrysotile.

Fig. 2.—Pore volume distribution in chrysotile asbestos.

ture. Several procedures which make use of the
Kelvin equation, and in one way or another attempt
to correct the Kelvin radius for the physically
adsorbed layers which form the boundary of the
evaporating pore, have been proposed for the analy-
sis of pore volume distributions. A widely used
procedure, particularly with nitrogen sorption data,
is one described by Barrett, Joyner and Halenda.®0
A somewhat simpler procedure has been outlined by
Oulton,’6 and for relatively fine-pored materials
(i.e., pore radius < 50 A.) it gives results compar-
able to those of the BJH treatment. Therefore the
Oulton approach was used to make the pore volume

(15) T. D. Oulton, This Journal, 52, 1296 (1948).
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TYPE B
PORE

Fig. 3.—“End-on” view of cylindrical fibers in hexagonal
close packing.

distribution analyses shown in Fig. 2. The analysis
for sample 2 is not shown since it closely resembled
the data for sample 1.

The pore volume distribution data leave no doubt
but that narrow pores predominate in the three
compact bundles of fiber that were examined. In
all the samples more than 80% of the void volume
exists in pores with radii less than 30 A. Both
Jeffrey samples give evidence of two maxima in
their pore size distribution. Sample 1 has maxima
at radii of 13 and 16 A.; sample 2 has maxima at 11
and 15 A. The Cassiar fiber has a single rather
broad maximum around a pore radius of 14 A.
Since these data are based on adsorption-desorp-
tion isotherms run at only ten different p/po
values, the definition of two maxima in the
pore size distribution of the Jeffrey samples must
be considered tentative. However, the data do
serve as a reliable indication of the general distri-
bution of the pore sizes in the samples.

If a “stuffed-tube” of chrysotile, such as Bates
and Comer9hypothesize, is considered as a cylindri-
cal tube with a small central opening, then an end-
on view of a compact bundle of such fibers in a
hexagonal packing arrangement would appear as
shown in Fig. 3. The dark areas in the interstices
between the fibers represent serpentine-like material
which, it is postulated, did not form completely
into the cylindrical structure. It can be seen that
this idealized structure contains two major systems
of pores: the type A pores between the individual
fibers, and the type B pores inside the individual
fibers. The distribution of pore volume in a system
such as this can be expressed in the following way.
Let the outer radius of the cylindrical fibrils be
Ri. Now consider a 1 cm. cube of these fibrils.
From geometrical considerations it can be shown
that the number of type B pores is

4Bf2cos 30°

There are twice as many type A pores as there are
type B pores. Therefore, the number of A pores is

2RP cos 30° 4)

If the radius of type A pores is Aa, and the radius of
type B pores is Rb, it follows that the total pore
volume, Ft, in a 1 cm. cube of the fibrils is

0907 (2ffa2 + AbD)
RP

y tR S wRh*

*  2fit2cos 30° + 4Rt2cos 30°
(5)

Now Ft is a value that is available experimentally.

For example, sample 1 has Ft = 0.051 cc. This

sample also has two maxima in the pore size dis-

tribution curve; one is at aoradius of 13 A. and the

other is at a radius of 16 A. These maxima may
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correspond to the average pore size in type A and
type B pores. Since the sizes are so close together
it does not matter much which one is called type A
and which one is type B. For purposes of dis-

cussion let R&= 13 and Rb = 16 A. If these
values, along with the experimental value for Ft
of 0.051 cc., are substituted in equation 5, the value
calculated for Ri, the outer radius of an individual
fibril, is 103 A. Interchanging the values of Ra
and Rb would increase slightly the value of Ri to
110 A. These values for the radius of a fibril are
reasonable, and they are in fairly good agreement
with fibril sizes measured by independent means and
reported by other workers. For example, Bates9
measured the size of 27 fibrils with the electron
microscope and reported a mean value of 125 A,
for the outer radius. Fankuchen and Schneider®
studied the fibril size of chrysotile samples from
Canada, the United States and Italy with low
angle X-ray scattering techniques and reported
radii ranging from 98 to 125 A. Whittaker8 has
also used X-ray diffraction effects to investigate the
fibril size of chrysotile, and he gives a value of 130

for the mean outside radius. Thus, it can be
seen that the fibril size calculated from the pore
volume data fall within the range of values reported
on the basis of X-ray diffraction effects and electron
microscope measurements. This is also true of
sample 3 which has a single broad pore size maxi-
mum around 14 A. When this pore size value is
substituted for Raand Rb in equation 5 along with
the experimental Ft value for this sample of 0.039
cc., the radius of the fibril is found to be 117 A.

The idealized model in Fig. 3 appears to be in
agreement with the pore volume distribution found
in bundles of chrysotile and the relatively small
amount of total pore volume in the fiber bundles.
The model also yields a reasonable size for the
fundamental fibrils. However, it does not distin-
guish between the “stuffed-tube” hypotheses ad-
vanced by 'Whittaker8 and by Bates and Comer.9
These hypotheses differ essentially in that the former
proposes that almost all the solid material in the
fiber bundles is crystalline, and the latter suggests
that a considerable amount of amorphous solid is
present in the bundles. It may be possible to re-
solve these differences with more extensive X-ray
and electron microscopy work. A technique
recently developed by Rice and his co-workersI/for
the preparation of very thin cross-sections of
chrysotile fiber bundles for electron microscopy
work should be especially valuable in this problem.

It should be noted that the model in Fig. 3 is
idealized, and in nature it would be reasonable to
expect irregularity in the size of fibrils and in their
packing arrangement. This is borne out, of course,
by the fact that a range of pore sizes is observed
experimentally. It also can be anticipated that
fiber from different deposits may show some dif-
ferences in average pore size and fibril size as a
result of differences in the conditions under which
the fibrils formed. Nevertheless, the model seems

(16) 1. Fankuchen and M. Schneider, J. Am. chem. Soc., 66, 500
(1944).

(17) M. Maser, R. V. Rice and H. P. Klug, Am. Mineralogist, 45,
680 (1960).
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to be a valid approximation to the morphology of
chrysotile asbestos.
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Measurements of sa.lt activity, cation activity and low and high frequency conductance have been made on potassium
and calcium montmorillonite (Wyoming bentonite) clay systems, using several additions of halide salts and several degrees

of saturation of the clay with the cation.

The detailed comparison of results by the three methods indicates, for these

dilute (0.39%) clay systems, (1) that cation activity determinations are not measurably affected by potentials at the

junction of the KC1 bridge and the colloidal clay;

(2) that cations in the diffuse part of the double layer have normal

mobilities, whereas those in the Stern layer have zero mobility in d. c. conductance and normal mobility at high fre-

quencies.
calcium systems.

Three types of procedures have been used in this
study: (A) Determination of salt activity in clay-
water-salt systems by the cell.

Ag. Clay suspen- Membrane elec- Std.'dil. AgX.
AgX sion + al- trode revers- halide Ag
kali halide ible to cation soin.
of halide
where X = CI-, Br~orl”

(B) Determination of the cation activity by the
cell:

Calo- Clay suspen- Membrane Std. hal- Sat. KC1
mel sion + al- reversible ide

Satd. kali halide  to cation soin. Calomel
KC1 of halide

(C) Determination of conductivity over a range of
frequencies from low to high, combined in some
cases with electrophoTetie velocities of clay par-
ticles.

Having regard to the extensive discussion from
1951-542 upon the validity of Method B as af-
fording a quantitative measure of cationic activities
in colloidal systems, it was clear that a thorough
comparison of a strictly thermodynamic Method A
with the quasi-thermodynamic Method B and non-
thermodynamic Method C was desirable.

The liquid junction potential at the tip of the
saturated KC1 calomel electrode is usually consid-
ered negligible for dilute electrolytes but for col-
loidal suspensions it was conceivable that the
charge on the colloidal particles could modify the
mobilities of the ions in the liquid junction and the
potential might become appreciable.3

It appeared even in 1951 that this could not be a
very important factor in clay systems because their
conductivities could be approximately accounted
for by using normal cationic mobilities together

(1) Contribution from the Missouri Agricultural Experiment Sta-
tion. Journal Series No. 2176. Approved by Director. Presented in
the Division of Colloid Chemistry, American Chemical Society Meet-
ing, April, 1960.

(2) C. E. Marshall, et al, Science, 112, 166-67 (1950); 113, 43 and
418 (1951); 114, 424 (1951); 116, 361 (1952); 117, 686 (1953); 118,
603 (1953); Soil Sci. Soc. Amer. Proc., 16, 106, 110 (1951); 17, 214,
218, 221 (1953).

(3) J. Th. G. Overbeek, J, Colloid Sci., s, 593 (1953).

Chemically adsorbed ions showing neither activity nor conductance are also present, both in potassium and

with cataphoretic velocities for the clay.4 Re-
cently, conductivities of clay suspensions have been
measured by the authors6 at various frequencies,
and the low frequency values show a good agreement
with those calculated from the activity of cations
measured by Method B, assuming infinite dilution
mobilities of cations and using measured cata-
phoretic velocities for clay. Also, it has been
shown by Bloksmaé6 that diffusion rates of cations
in montmorillonite clay could best be explained by
postulating mean cationic activities which were
in good agreement with those obtained in our labo-
ratory by Method B. Davis7 made salt activity
measurements in homoionic clay systems by
Method A, but no interpretation in terms of single
ion activities was attempted. His results when
interpreted through the procedure described below
indicate that the clays are only partially dis-
sociated, in agreement with our general results by
Method B.

Recently5 variation in conductivity with fre-
guency was used in order to give a more complete
picture of the electrical double layer surrounding
clay particles in suspension. Because of the re-
duction in relaxation effect, more cations can par-
ticipate in conductance at higher frequency than at
low. These additional cations were assigned to
the Stern layer of physically adsorbed cations,
which lies between the diffuse atmosphere of the
Gouy layer and the solid surface with its fixed
sites for chemical adsorption. This Stern layer
does not contribute significantly to the activity as
will be shown later.

In the present series, the first aspect to be con-
sidered was whether the thermodynamically sound
Method A was affected by such side reactions as

K clay + AgX KX + Ag clay

in its application to clay systems.

(4) C. E. Marshall, Natl. Acad, Sci. Natl. Res. Council, 456, 288
(1956).

(5) K. B. Deshpande and C. E. Marshall, J. Phys. Chem 63, 1659
(1959).

(6) A. H. Bloksma, J. Colloid Sci.. 12, 40 (1957).

(7) L. E. Davis, Natl. Acad., Sci. Natl. Res. Council, 395, 290 (1955).
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Table |

Comparison of Potentiometric Results for Additions of 1.30 X 10-4 molar KC1, KBr and KI, Respectively, to
0.3867% acid Wyoming Bentonite Suspension to which KOH had been Added.

=Clay concn. 0.3867 g./IOO ml.-------mmmmmmmmmmmeeaaes
Salt activities (X 10~9
————————————————— Method A-------mmmmommmmmeeee -

Halide conen. 1.30 X 10~4M
Cation activities (X 104

Method B
Meq. KOH
per g. clay AiKCI Ad=KBr A i KI A k(ci) AK(Br) Ak(i> As(D.Th)
0.13 1.90 1.85 1.87 3.33 3.33 3.50 2.78
.26 1.92 1.92 1.92 3.77 3.75 3.88 2.84
.39 2.07 1.98 2.07 4.09 3.89 4.21 3.30
.52 2.24 2.29 2.17 4.93 4.93 4.93 3.86
.65 2.69 2.70 2.69 7.23 7.32 7.27 5.56
.78 3.32 3.32 3.22 10.85 10.94 10.64 8.49
Table Il

Comparison of KC1 Activities (Axkci), K+ Activities (Ak), and Calculated K+ Activities from Donnan Theory
Ai<(D.Th), in 0.3867% W yoming Bentonite Systems to which Varying Amounts of KCl and of IVOH had been Added.

Meq. KOH - KClconcn. 325 X 10 M- - KC1lconcn. 650 X 10 M-
perg. clay ActivitiesA>l(( 10“4m Ak Activitie'smi( 10 ~4m IKD-Th)
0.13 1.41 2.74 6.14 1.42 2.87 3.10
.26 1.56 3.02 7.44 1.65 3.20 4.16
.39 1.76 13.42 9.53 1.86 3.73 5.32
.52 2.10 4.32 13.55 2.29 4.86 8.09
.65 2.66 5.68 21.68 2.62 6.96 10.53
.78 3.47 10.98 37.11 3.48 10.90 18.63
For KC1 concn. 1.30 X 10 4M see Table i, Columns 2, 5, and 8
ivui concn. iAo M iu M
Yers. Sy Afa Ak AKDTH Ao Ak » KDth)
0.14 2.01 2.51 2.49 2.31 2.76 2.74
.27 2.22 2.84 3.04 2.67 3.29 3.67
.39 2.70 4.36 4.39 3.15 4.51 4.50
.54 3.04 4.78 5.67 3.38 5.77 5.79
.68 4.07 7.15 10.18 4.47 8.33 10.16
.84 4.38 11.99 12.00 5.25 12.54 12.50

In order to pass from salt activities to ion activi-
ties, non-thermodynamic assumptions must be
introduced. Two simple possibilities are:

(1) The anion is negatively adsorbed by the clay and is
therefore present in the most dilute parts of the systems.
Its activity coefficient therefore can be taken to be nearly
the same as corresponds to the concentration of the halide
present. Knowing the activity of the halide, that of the
cation is readily derived since Acation-Anoiide is constant
throughout the system.

(2) The anion is negatively adsorbed by the clay and its
activity at different distances from the clay surface can be
calculated by using the modified Gouy theory as applied to
plate-like particles.

The Clay Systems.—The preparation of the acid
montmorillonite clay (electrodialyzed Wyoming
bentonite), measurement of its exchange capacity
and setting up of the “titration” using potassium
hydroxide and potassium chloride, have been
described previously.6 Similar titration series were
set up with calcium systems containing the same
amount of clay and varying amounts of Ca(OH)2
and CaCl2

Measurements.—pH, vyIk, Aca A zkci and
Hztcaci2 were measured in all systems as described
previously.6 The migration velocities of clay par-
ticles were measured by Engel and Pauli's
method.68 Conductivities were measured at vari-
ous a.c. frequencies, using a decade bridge (General
Radio Co.) and an oscillator (Hewlett Packard),
the null point being detected with an oscilloscope.

Discussion of Results

The results obtained are given in Tables | to V.
It can be seen from Table | that the measurements

with different halide electrodes do not show sig-
nificant differences and hence reaction of the clay
with the silver halide is practically absent.

Application of the first non-thermodynamic as-
sumption corresponds to the use of a simple Don-
nan system as model. It means that if the square
of the mean salt activity (ion pair activity) is
divided by the concentration of the halide added,
the quotient should be comparable to the cation
activity measured by Method B. Tables I, II,
and 111 show that quotient (Akci)2ci which gives
the potassium ion activity through Donnan the-
ory, and is listed as Tk®.™ differs very widely
from the Ak+measured in the systems containing
the lowest proportion of KX (3.25 X 10~6 M).
The difference is less wide with higher halide con-
tent until in systems with halide content above
1.3 X 10~4M, there is a close agreement between
I k measured and Ak+ thus calculated. This is
true for both the K and the Ca systems (Tables 1V,
V). The cause of this difference lies in the nega-
tive adsorption of the chloride ion by the clay.
In the systems with the most dilute halide, the
negative adsorption makes a substantial change
in the general halide concentration away from the
surface of the colloid, raising it much above the
average value. The denominator in the calcula-
tions is thereby underestimated and gives a corre-
spondingly higher quotient for Ak®.™-  This is
accentuated in calcium systems by the squaring
of the denominator.

(8) W. Pauli and E. Valko, “Eiektrochemie der Kolloide,” Springer

Verlag, Vienna, 1929, p. 165.
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Table Il

Activity Data for Additions of Ca(OH2 and CaCl2 to
0.3867% Wyoming Bentonite Suspension.

Clay-CacClj system
Clay concn. 0.3867% g./gzer_ 100 ml. CaCls concn. 3.25 X 10-5N
-Acacia

Meq. Ca(OH>2 ie Aca Aca(D.Tli)
per g. clay X 10“6 X 10-« X 10-«
0.13 10.00 16.21 94.66
.26 8.82 11.37 64.97
.39 591 6.58 19.54
.52 8.37 7.01 55.50
.65 8.90 9.66 66.74
.78 11.81 13.41 97.62
CacCl2concn. 6.5 X 10-5N
0.13 12.40 16.34 45.12
.26 11.49 12.78 35.90
.39 9.76 8.39 22.00
.52 10.40 8.39 26.62
.65 11.20 10.59 33.25
.78 14.41 14.16 70.69
CaCl2concn. 1.04 X 104 N
0.13 15.17 16.46 32.28
.26 13.95 12.99 31.61
.39 12.43 10.59 17.75
.52 13.10 10.84 20.79
.65 14.41 11.37 27.68
.78 17.20 15.08 63.45
CaCl2concn. 1.30 X 10"4 N
0.13 17.40 18.81 31.17
.26 16.38 15.35 26.01
.39 13.95 12.35 16.07
.52 15.41 12.80 21.66
.65 15.69 14.25 22.86
.78 17.17 16.51 29.94
CaCl2concn. 1.625 X 10'4N
0.13 17.85 20.62 21.52
.26 16.55 17.34 17.17
.39 15.76 14.10 14.83
.52 15.98 14.40 15.45
.65 16.26 16.01 16.26
.78 17.17 18.12 19.16
Table IV

Comparison of Conductivities of Clay Suspensions
Clay concn. 0.3867 g. per 100 ml.; KC1 concn. 3.25 X 10“5Mm

Megq.
KOH
added
per g. Xc Xat Xm at
clay Calculated 60 cycles 10,000 cycles
0.13 3.11 X 10"5 3.20 X 10"5 3.95 X 10’5
.26 3.29 3.34 4.53
.39 3.66 3.71 5.18
.52 4.48 4.50 6.66
.65 5.96 6.01 9.89
.78 11.46 1151 13.88

In the systems with comparatively higher con-
centration of halide (1.6 X 10~4molar and higher)
negative adsorption does not affect the general
concentration of the halide ion significantly and
hence the quotient shows good agreement with the
Ak measured. As is clear from Table 111 all these
considerations apply equally well to the calcium
systems. This difference between the systems with
different concentrations of halides is expected since
Donnan theory deals with the bulk concentrations
of salts on either side of a membrane or “restraint.”
It does not deal with the details of the layerwise
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Table V

Data Used in Calculating Mean Cationic Activity,
«@V, for Comparison with Experimental Values

Ak (clay concn. 0.3867 g. per 100 ml.)

added (Xm — Ak
?. _ nc. to, &e X 10-« X 10"4
clay = molar volts volts molar molar
KC1 concn. 3.25 X 10-5 M
0.13 0.84 0.082 0.163 0.026 3.93 2.74
.26 1.24 117 170 .018 3.12 3.02
.39 1.52 .166 173 .017 3.42 3.42
52 2.18 .206 77 .021 4.80 4.32
.65 3.93 373 .186 .019 5.72 5.68
.78 2.42 229 .166 .028 10.41 10.98
KC1 concn. 6.50 X 10'S M
0.13 0.95 0.090 0 166 0.018 3.96 2.87
.26 1.23 117 .169 .017 3.22 3.20
.39 1.41 133 .169 .018 3.55 3.73
.52 1.63 .154 167 .019 5.19 4.86
.65 4.02 .384 .187 .025 5.72 6.96
.78 4.80 454 .185 .029 10.44 10.80
KC1 concn. 1.30 X 10"4M
0.13 1.33 0.126 0.167 0.014 3.42 3.33
.26 1.42 134 .168 .017 3 80 3.77
.39 153 144 .168 .017 4.14 4.09
52 1.72 . 165 170 .020 5.06 4.93
.65 2.98 .282 179 .025 5.94 7.23
.78 4.39 415 .183 .030 10.29 10.85

ionic distribution, with the effects of which one is
faced in the measurement of ionic activities, using
potentials developed against standard solutions.

The second non-thermodynamic assumption
which can be used to correlate the results of
Methods A and B, using Gouy double layer theory,
requires the consideration of conductivities of sus-
pensions at low and high frequency a.c. Table IV
shows that at low frequencies (10-60 c.p.s.) the
conductivity figures agree well with those ob-
tained by adding together the conductivity due to
dissociated cations (Ak) with normal mobilities,
and that calculated from the electrophoretic veloc-
ity of clay particles. This indicates that the
cations which are physically or chemically adsorbed
by the clay contribute little to the d.c or low fre-
guency conductivity. As has been pointed out,5
at higher frequencies, because of reduction in
relaxation effects (and probably also in electro-
phoretic retardation), ions from the Stern or
physically adsorbed layer contribute to an increas-
ing extent. At a sufficiently high frequency a
maximum is reached and conductivity shows no
further change with frequency. The concentration
of cations in the Stern layer is taken as the equiva-
lent of this maximum increase in conductivity.
The number of ions necessary to give this differ-
ence in conductivity can be calculated using normal
(infinite dilution) ionic mobility. The volume of
the Stern layers is estimated from the surface area
of the clay and the depth of the Stern layer, which
is assumed to be about twice the ionic diameter,
i.e.,, about 5A.9 The nature of equation (1) is
such that large changes in the depth of the Stern
layer make relatively small changes in the calcu-
lated potential. Hence 1% the Stern layer concen-
tration, can be calculated.

Our results, therefore, are interpreted using three
groups of cations having these properties: (1) un-
dissociated or chemically held, no contribution to
activity or conductance; (2) physically adsorbed,
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Stern layer, no contribution to activity or d.c. con-

ductance, fully -contributing to conductance at

10,000 cycles; (3) ions of diffuse double layer and
true solution, full contribution to activity and d.c.

conductance. Using the relation

n, — noe- «”/47, (hHho

the potential at the Stern layer is obtained. Here
w0 is the concentration of cations far away from
the clay surface which is given by A+ kci measured
by Method A.

The activity measured by Method B is calculated
from the potential which the system develops
against a standard halide solution. This potential
is the arithmetic average of the potentials produced
by individual concentrations at various distances
from the clay particles. These concentrations in
turn are related to the respective potentials at
various distances from the particles. The poten-
tials measured by Method B, therefore, give an
estimate of the geometric average of the various
activities, if the liquid junction potentials at satur-
ated KC1 tips of the calomel electrodes are shown
to be negligible.

Now, if the potential at the Stern layer has
been calculated according to (1) the potentials at
different distances from the clay surface can be
obtained with the relation1l

(eze*/2KT -j- 1) (ezeW2kT _ 1)
~ 11 (e*ef/2kT - 1) (ezeWMT + 1)

The values of no and Yofor each system were fed
into an electronic computer (Burroughs 101) and
the values”of potentials (/) at every 10A. (x =
10, 20, 30A,, etc.) from the Stern layer and their
average up to a distance of 50A. where changes in

became very small were obtained from the
machine. The concentrations nav corresponding
to this average i/ were calculated using the formula
(1). The results are given in Table V.

Comparison of the values of wav with the corre-
sponding values of AK+obtained from Method B,
shows that for the systems K clay + KC1, there
is a very good agreement between the two, thus

(9) E.J. W. Verwey and J. Th. G. Overbeek, "Theory of the Stabil-
ity of the Lyophobic Colloids," Elsevier Pub. Co., New York, N.Y.,

1948, p. 42.
(10) Key to the symbols used in formulae and tables:

Ak Potassium ion activity (Method B)
Aca Calcium ion activity (Method B)
md=hCaCli Mean activity of CaClj (Method A)

A+ KC1 Mean activity of KC1 (Method A)

no Concentration of cations remote from the clay surface

na Concentration of ions in the Stern layer

fa Potential at the Stern layer

n Potential at a distance x from the clay surface

2 Valency of the ion

e Electronic charge or base for natural logarithms where applic-
able

k Boltzmann constant

T Absolute temperature

e Dielectric constant of the medium

A Specific conductivity calculated

Am Measured maximum specific conductivity

*

Reciprocal "thickness of double layer”

(11) H. R. Kruyt, colloid sci.,, Vol. I, Elsevier Publ. Co., New
York, N. Y., 1952, p. 130.
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justifying the theoretical model. Hence the agree-
ment shown by the results of the first (Donnan)
approach for the upper range of halide concentra-
tions and by those of the second assumption for the
entire range of halide concentrations, provides
proof that the liquid junction potentials present are
negligible in these clay systems.

It is also clear from the evidence provided by
conductivity determinations that the cations meas-
ured potentiometrically have normal mobilities.

It is interesting to compare potassium and cal-
cium systems with respect to relationships between
total concentration of cations, measured cationic
activities and the concentrations of salt added.
The concentration of exchangeable cations is about
3.0 X 10~3for the completely saturated K systems,
and 1.5 X 10~3for the corresponding Ca systems.
The K activities for the lowest and highest salt
additions are, respectively, 11 and 125 X 10~4;
the corresponding salt additions being 3.25 X 10-6
and 1.95 X 10~4 In the saturated calcium sys-
tems, the calcium activities for the lowest and high-
est salt additions are, respectively, 1.3 and 1.8 X
10~4; the corresponding salt additions being 1.6 X
10-8 and 0.8 X 10~4 The salt added was always
a small fraction of the total exchangeable cations
and in the case of the potassium systems, which
were about 40% dissociated, it was also a small frac-
tion of the mean cationic activity. In the satur-
ated calcium systems which were only about 10%
dissociated, the highest salt addition corresponded
to about 44% of the total measured activity.

The measured salt activities in the potassium
series are, of course, much higher than corresponds
to the salt added, and lower than the potassium ion
activities. In the calcium series this last relation-
ship does not always obtain.

A remarkable feature of Table 11l shows itself
consistently at each level of salt addition. With
increasing degree of saturation with calcium the
salt activities and the calcium ion activities both
show minima at about 50% saturation. De-
creases in divalent cation activity with increasing
additions of base have been noted previously here
in potentiometric titration curves of clays. The
explanation seems to lie in the polyfunctional na-
ture of clays in relation to hydrogen ions and di-
valent cations. The system adjusts itself to the
condition of minimum free energy; this involves not
only the formation of water in neutralization, but
also the wide range of bonding energies for hydro-
gen ions as well as for calcium ions.

As regards d.c. conductivity, clearly the reduc-
tions in cationic mobility in the diffuse double
layer postulated by Overbeek3play at most an in-
significant role. The increases at moderate to
high frequencies are to be expected. They are of a
similar order of magnitude to those found for dilute
salt solutions in a higher frequency range and it
seems reasonable to identify the ions responsible
for the increase with the Stern layer.

This investigation has been facilitated by a re-
search grant from the American Petroleum Insti-
tute through which a post-doctoral fellowship
(K.B.D.) was set up.



Jan., 1961

The Sorption of Water Vapor by Charcoal 37

THE SORPTION OF WATER VAPOR BY CHARCOAL AS INFLUENCED BY
SURFACE OXYGEN COMPLEXES

By Balwant Rai Puri, K. Murari and D. D. Singh

Department of Chemistry, Panjab University, Chandigarh, India
Received February S, 1960

A study of water sorption isotherms on charcoal coated with different amounts of variously disposed chemisorbed oxygen
shows that it is the oxygen disposed as C02which enhances the sorption capacity of charcoal and not the rest of the com-

bined oxygen.

The area of the hysteresis loop also increases with increase in the amount of this oxygen.

An appreciable

amount of water, representing about one mole per mole of C02 is held so firmly by charcoal that it is not desorbed even on

drying to zero humidity.
complete elimination of the combined oxygen.

The work of Lawsonl and King and Lawson2
shows that the presence of chemisorbed oxygen in
charcoal increases the low pressure sorption of water
by charcoal and shifts the isotherms to lower pres-
sures than those corresponding to the same amount
of sorption in the absence of any such oxygen.
Similar results have been reported in more recent
papers by Emmett,3 Dubinin
Healey, et al.f Anderson and Emmett6 and Mc-
Dermot and Arneli.B Smith, et al.,sare of the view
that the increase is due to an extensive reaction of
water with oxygen complex producing a new surface
complex. McDermot and ArnelF believe that the
oxygen provides isolated active centers at which the
sorption proceeds in the form of “clumps” or
“clusters” 9 of water molecules which grow in size
by a mechanism of hydrogen bonding until they
merge, at a higher relative pressure, to fill the
smaller pores. Capillary condensation occurs when-
ever a cluster reaches sufficient size to bridge the
walls of a pore.

It appears that while the influence of chemisorbed
oxygen in altering water adsorption isotherms on
carbons has received a fair amount of attention, the
influence of the various forms in which it is dis-
posed or removed on degassing (e.g., as CO, C02
and HD) has not been investigated. The present
work, therefore, was undertaken.

Experimental

Materials.—Two samples of charcoal were prepared by
the carbonization of cane sugar and coconut shells in a
limited supply of air at 300° in a Pyrex glass vessel placed in
a heat-lagged nichrome coil for uniform electrical heating.
The current was controlled with a Variac transformer. The
charcoals were transferred to wide trays and allowed to cool
in air. Sugar charcoal as prepared was almost free of ash;
the other sample was extracted with hydrofluoric acid to
lower the ash content to about 0.14%. Several 10-g.
portions of the charcoals were evacuated in a resistance tube
furnace at 300, 500, 750, 1000 and 1200°. The temperature
was allowed to rise gradually and before it was raised another
50° the complete elimination of the gases at the preceding
temperature had been ensured. After degassing at each
temperature the sample was allowed to remain and cool in
vacuo and then transferred to a well stoppered bottle.

(1) C. G. Lawson, Trans. Faraday Soc., 32, 473 (1936).

(2) A. King and C. G. Lawson, ibid., 30, 1094 (1934).

(3) P. H. Emmett, Chem. Revs., 43, 69 (1948).

(4) M. M. Dubinin and E. D. Zaverina, J. Phys. Chem,, (U.S.S.R)),
21, 1373 (1947).

(5) F. H. Healey, Y. F. Yu and J. J. Chessick, Tnis Journar, 59,
399 (1955).

(6) R. B. Anderson and P. H. Emmett, ibid,, 56, 756 (1952).

(7) H. L. McDermot and J. C. Arneli, ibid., 58, 492 (1954).

(8) R. N. Smith, C. Pierce and C. D. Joei, ibid., 58, 298 (1954).

(9) C. Pierce and R. N. Smith, ibid., 64, 784 (1950).

This enhances the hysteresis effect, which, however, persists though to a smaller extent, even on

A few portions of the charcoals were also treated with
hydrogen at 400° for different intervals of time in a rotating
Pyrex tube of 3,' bore placed in a tube furnace. Hydrogen
was led over the charcoal at the rate of 2 liters per hour.
The samples, after the treatment, were allowed to cool in the
atmosphere of hydrogen and then transferred to stoppered
bottles.

The amount of oxygen retained as well as its disposition in
each sample was estimated by evacuating 2-g. portions at

and Zaverina,% 1200°, by gradually raising the temperature in the same

manner as described above, collecting water in calcium
chloride tubes and analyzing the rest of the gases evolved in
an Orsat-Lunge gas analysis apparatus in the usual way. A
few of these samples were examined for total oxygen content
by ultimate analysis as well. The values tallied very well
with those obtained on degassing.

Water Isotherms.—Water sorption isotherms were deter-
mined at 25°.10

Table |

Gases Evolved on Evacuating at 1200° the Various
Samples of Charcoal
—————— Gases evolved on evacuation--—-*  Total
at 1200° oxygen

Description of CC, (efe] H20 H, evolved
(mg./g.) (mg./g.) (mg./g.) (mg./g.)

sample (mg./g.)
Sugar charcoal
Original 155.90 150.63 125.50 13.50 311.01
Evacuated at:
300° 77.75 147.50 81.62 13.53 213.35
500 47.35 137.88 76.05 13.25 180.78
750 Nil 97.55 61.10 12.12 109.94
1000 Nil 5.85 Nil 1.80 3.34
1200 Nil Nil Nil Nil Nil
Coconut shell charcoal
Original 77.18 130.15 80.50 11.15 202.06
Evacuated at:
300° 55.27 116.51 70.93 11.10 169.79
500 25.32 109.33 59.55 11.15 133.80
750 Nil 73.06 48.52 10.55 84.87
1000 Nil 4.43 Nil 1.10 2.53
1200 Nil Nil Nil Nil Nil

Sugar charcoal treated with hydrogen at 400°
Treated for:

2 hr. 73.75 140.66 116.75 10.85 237.80

4 46 23 118.10 100.50 8.60 190.42

6 32 63 87.85 88.75 7.23 152.82

8 Nil 57.25 77.55 6.34 101.64

12 Nil 30.66 40.66 4.32 53.66
Discussion

It is seen (Table 1) that the original samples of
sugar charcoal and coconut shell charcoal contain,
respectively, about 31 and 20% of combined oxygen

(10)
67 (1959).

B. R. Puri, S, N. Khannaand Y. P. Myer, J. Sci. Ind. Res., 18B,
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Tabie Il
Sorption-D esorption Isotherms op Water Vapor on the Various Samples of Charcoal
Desorption values are given in parentheses.
----------------------- Amount sorbed (g./100 g.) at R.V.P.
Description 0.00 0.09 0.18 0.28 0.38 0.48 0.68 0.89 0.996
of sample 2 3 4 5 8 9 10
Sugar charcoal
Original 0.00 2.61 3.82 5.26 7.50 9.72 13.21 18.70 27.55
(6.42) (7.50) (10.71) (14.15) (14.41) (17.00) (17.61) (21.92) (27.55)
Evacuated at
300° 0.00 1.06 2.64 4.01 4.53 6.22 9.94 12.49 19.52
(3.47) (4.75) (7.01) (10.39) (12.41) (13.25) (14.42) (15.79) (19.52)
500 0.00 0.86 1.28 2.11 3.40 5.61 9.76 11.74 16.01
(1.83) (2.10) (3.89) (4.51) (8.25) (10.75) (12.99) (14.12) (16.01)
750 0.00 0.78 1.22 1.81 3.19 5.52 11.00 13.78 18.50
(0.00) (0.78) (1.22) (3.75) (7.01) (11.76) (15.61) (16.05) (18.50)
1000 0.00 0.80 1.22 1.79 2.78 5.78 11.12 13.68 18.97
(0.00) (0.80) (1.22) (2.65) (6.50) (12.75) (15.35) (17.51) (18.97)
1200 0.00 0.81 1.21 1.79 2.90 5.96 11.52 13.70 19.01
(0.00) (0.81) (1.21) (2.25) (5.01) (13.35) (15.87) (17.11) (19.01)
Coconut shell charcoal
Original 0.00 0.20 4.01 4.70 5.49 6.40 8.51 9.49 12.95
(3.25) (4.15) (5.80) (7.49) (8.78) (9.51) (10.05) (10.89) (12.95)
Evacuated at
300° 0.00 0.75 2.02 3.21 4.89 6.52 7.74 10.29 12.50
(1.96) (2.21) (2.75) (4.05) (5.87) (8.10) (11.25) (12.01) (12.50)
500 0.00 0.62 1.20 2.01 5.11 6.25 8.24 9.50 11.72
(1.01) (1.62) (1.87) (3.80) (6.72) (8.68) (10.50) (11.22) (11.72)
750 0.00 0.54 1.00 1.49 4.72 7.15 9.00 10.51 12.34
(0.00) (0.54) (1.00) (5.41) (7.37) (8.90) (10.52) (11.41) (12.34)
1000 0.00 0.55 1.01 1.50 4.81 7.20 9.02 10.00 12.10
(0.00) (0.55) (1.01) (2.75) (6.75) (8.78) (11.50) (11.92) (12.10)
1200 0.00 0.55 1.00 1.52 4.78 7.49 9.60 10.61 12.19
(0.00) (0.55) (1.00) (3.80) (5.59) (9.33) (10.65) (11.57) (12.19)
Sugar charcoal treated with hydrogen
Treated for
2 hr. 0.00 1.41 3.25 4.49 5.01 5.82 7.31 11.50 17.11
(2.30) (2.87) (4.21) (5.75) (7.75) (9.35) (11.70) (14.75) (17.11)
4 0.00 1.25 2.75 4.15 4.90 5.71 7.10 10.39 14.23
(1.65) (2.50) (5.01) (6.49) (7.75) (8.65) (10.00) (12.25) (14.23)
6 0.00 0.75 2.20 3.51 4.50 5.01 6.11 9.00 13.85
(1.40) (2.45) (3.31) (4.35) (5.85) (6.87) (8.75) (11.81) (13.85)
8 0.00 0.53 1.51 2.85 4.32 4.75 6.00 8.94 12.51
(0.00) (0.53) (1.51) (2.85) (4.85) (6.40) (8.50) (10.87) (12.51)
12 0.00 0.51 1.46 2.76 4.10 4.65 5.51 8.75 12.45
(0.00) (0.51) (1.46) (2.76) (4.60) (5.75) (7.65) (11.81) (12.45)

which is desorbed at or below 1200° as CO, C02
and HD. When these samples are heated in vacuo
at increasing temperatures or in hydrogen at 400°
for different intervals of time, the amount of the
combined oxygen decreases progressively. It is
also seen that the samples degassed at 750°, or
heated in hydrogen at 400° for 8 hours, retain some
oxygen disposed as CO and HXD but none as C02
while those degassed at 1000° retain small amounts
of oxygen disposed as CO only. A glance at the
table shows that all the 17 samples included therein
contain different amounts of the variously disposed
oxygen.

As regards water sorption isotherms (Table I1) it
is seen that degassing at increasing temperatures or
heating with hydrogen at 400° for different inter-

vals of time results in lowering the water sorption
capacity of charcoal, particularly at lower relative
vapor pressures. These alterations cannot be at-
tributed to surface area which, for a given charcoal,
has been shown to remain almost the same irre-
spective of the deoxygenating treatments.71112
These observations when considered in the light of
those recorded in Table I show marked influence of
the combined oxygen in altering the isotherms at
lower relative pressures. Capillary effects appear
to predominate, thereafter, in most cases. These
results are in agreement with those reported by

(11) P. H. Emmett and R. B. Anderson, J. Am. Chem. Soc., 67,
1492 (1945).

(12) B. R. Puri, D. D. Singh and L. R. Sharma, This Journal, 62,
756 (1958).
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previous workers.6-7 But since the sorption values
of the samples evacuated at 750° do not materially
differ from those of the samples of the same charcoal
degassed at higher temperatures and since 750° is
the temperature at which the entire C02complex
is eliminated, it appears that it is the oxygen
disposed as C02and not the total oxygen which,
apart from capillary effects, influences the water
sorption capacity of charcoal. It is significant to
note that when degassed at 750° sugar charcoal
retains about 11% and coconut shell charcoal about
8.5% oxygen disposed as CO and HD yet little or
no change in water sorption isotherms takes place
when this oxygen is progressively eliminated on
degassing at 1000 and 1200°. Similarly, although
the samples of sugar charcoal treated with hydrogen
for 8 and 12 hours differ appreciably from one an-
other in their oxygen content, disposed as CO and
H2D, yet their water isotherms are almost identical.
It appears, therefore, that the view of the previous
workers5-7 that the combined oxygen provides
active sites for sorption of water vapor needs modi-
fication to the extent that it is the oxygen present
as C02complex and not the rest of it which does so.

Hysteresis.— The desorption isotherms of all the
samples also were determined. The data are in-
cluded in Table Il. It is seen that in the original
as well as in the 300 and 500° degassed samples,
all of which contained CO0Z2complex, the two
branches do not meet even at zero pressure. In
other words, the hysteresis loop persists throughout
the entire range of vapor pressure. However, in
the samples degassed at 750° and at higher tem-
peratures which were completely free of oxygen
disposed as C02 the two branches of the isotherms
are seen to converge at relative vapor pressures well
above zero.

Similar conclusion may be drawn from the data
for the hydrogen treated samples. The two
branches meet only when the C02complex is com-
pletely eliminated.

The significance of these observations is that a
certain amount of water sorbed by charcoal con-
taining C02complex is not desorbed even when
the system is evacuated completely to constant
weight at 25°. This water may be regarded as
“fixed” at the charcoal surface containing C 0 2com-
plex by some mechanism probably involving hydro-
gen bonding.

The C02content of each charcoal and the amount
of water “fixed” by it are given in Table Ill. It is
evident that the greater the amount of C 0 2complex
in a charcoal the greater is the amount of water
“fixed” by it. The weights of water “fixed” per
mole of CO2were also calculated. These values
are recorded in column 4. It is interesting to note
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that these values correspond to the “fixation” of
one mole of water per mole of C02 This shows
that each site containing a “C 02complex” can hold
almost one mole of water in this intimate manner.

Table Il

Amount of Water “Fixed’’ by Charcoal and Area of
Hysteresis Loop in Relation to the C02content of

Charcoal

Amt. of Area of
water Amt. of hys-
fixed water fixed teresis

Description of CCVcontent  (g./100  per mole of loop,
sample (g./100 g.) g.) C02(g.) squares
Sugar charcoal
Original 15.59 6.42 18.12 1049
Evacuated at:
300° 7.78 3.47 19.59 901
500 4.74 1.83 17.08 634
750 Nil 432
1000 Nil 428
1200 Nil 425
Coconut shell charcoal
Original 7.72 3.25 18.37 745
Evacuated at:
300° 5.53 1.96 15.51 498
500 2.53 1.01 17.56 443
750 Nil 360
1000 Nil 358
1200 Nil 349

Sugar charcoal treated with hydrogen at 400
Treated for:

2 hr. 7.38 2.30 13.80 750
4 4.62 1.65 15.71 596
6 3.26 1.40 18.89 486
8 Nil 335
12 Nil 328

It is also seen that the area of the hysteresis loop
(col. 5) decreases considerably with decrease in the
C02complex and that when this complex is com-
pletely desorbed, either on evacuation at 750° or on
treatment with hydrogen for 8 hours, the subse-
guent decrease in the area is quite insignificant.
Thus the magnitude of the hysteresis loop also
depends much more on oxygen disposed as C02
than on the rest of the chemisorbed oxygen.

It may be pointed out that these results are not
in accord with the observations of McDermot and
Arnell7who on the contrary found the hysteresis
loop to increase on the elimination of the combined
oxygen.

It appears that the “fixation” of water on active
sites presented by the C02eomplex makes a mate-
rial contribution toward hysteresis in water-carbon
systems.
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The apparent solution moment of water in dioxane is 1.093 + 0.03 D. The electrical anisotropy of water in dioxane tends

to attain that of pure water at concentrations higher than 83 mole % of water.

From polarization measurements, the

coordination number in liquid water appears to be about 6, which would lead to a value of 1.86 D for the calculated vapor

moment by Kirkwood’s equation.

In a mixture containing 83 mole % of water the relaxation time is about double that of

pure water, and in 60 mole %, where there are six water molecules for every four dioxane molecules, the enthalpy of activa-
tion for viscous flow is nearly equal to that of water in the pure state.

Introduction

Williamsldetermined the dipole moment of water
in dioxane as well as in benzene. His values of 1.9
and 1.7 D, respectively, were considered nearly
identical so that dioxane was assumed to be just as
good a solvent as usual non-polar solvents. The
values 1.89, 1.90, 1.86 and 1.91 D also have been
found by other investigators2-6 as the dipole
moment of water in dioxane. On the other hand,
Akerlof and Short,6 Wyman (quoted by Scatchard
and Benedict?, and Hasted, ei al.,s found that the
static dielectric constant of water falls linearly and
rapidly with the addition of dioxane. This
phenomenon in which the molar decrement is
about —7.7 at 25°, and also the lengthening of the
relaxation time of water in the presence of dioxane
were attributed by Hasted, et ak,8to the formation
of a hydration sheath bound by a O-HO hydrogen
bond.

The object of this investigation is to study, be-
sides the determination of the dipole moment of
water in dioxane, the anisotropic and the association
factors, and to evaluate the relaxation time of
water and the enthalpy of activation for viscous
flow at different concentrations in dioxane.

Experimental

Pure dioxane and conductivity water were prepared ac-
cording to recommended procedures.910 The measurement
of the dielectric constant, density, refractive index, viscos-
ity, and the calculations were made as described previously.1l

Results and Discussion

The electric moment of water in dioxane, py,
calculated from the average or extrapolated value
of (Table 1) is 1.93 + 0.03 D. This value is
higher than the value 1.7 D obtained by Williamsl
using benzene as inert solvent, and also higher
than the true gas moment value, p0 1.84 D.1213
This indicates that in dioxane there is an additional
polarization resulting from the hydrogen bonding

(1) 3. W. Williams, 3. Am. Chem. S o ¢ 52, 1838 (1930).

(2) A. J. Weith, M. F. Hobbs and P. M. Gross, ibid.,, 70, 805
(1948).

(3) E. P. Linton and O. Maass, Can. J. Rea,, 7, 81 (1932).

(4) P. Abadie and G. Champetier, C. r. acad. Sci., 200, 1590 (1935).

(5) Y. L. Wang, J. physik. Chem., 45B, 323 (1940).

(6) G.Akerlof and O. A. Short, 3. Am. Chem. Soc., 58, 1241 (1936).

(7) G. Scatchard and M. A. Benedict, ibid., 58, 837 (1936).

(8) J. B. Hasted, G. H. Haggis and P. Hutton, Trans. Faraday Soc.,
47, 577 (1951).

(9) W. Weissberger and R. Proskauer, “Organic Solvents and
Methods of Purification,” Oxford at the Clarendon Press, 1935, p. 139.
(10) P. Thiessen and K. Hermann, Z. Flektrochem., 43, 66 (1937).

(11) A.R. Tourky, H. A. Rizk and Y. M. Girgis, This Journal, 64,
565 (1960).

(12) R. Sanger, Physik. Z., 31, 306 (1930).

(13) J. D. Stranathan, Phys. Rev., 48, £38 (1935).

Table |

The Dipole Moment of Water in Dioxane

du pit Vi rt~d
Wi €2 (g./cm.§ m2d (cm.8 (cm.3 (cm.9
Temp. 302
0 2.2005 1.02229 1.4179 0.27957
0.0087291 2.4273 1.02454 1.4174 .31467 4.30057 0.15595
.022298 2.7798 1.02548 1.4163 36311 4.04437 .17559
.033231 3.0638 1.02553 1.4155 .39742 3.82607 .18566
.056960 3.6803 1.02682 1.4137 45954  3.43927 .18957
.071679 4.0627 1.02752 1.4127 49166 3.23837 .19162
. a | f « I pi
e A 4 ywt pico © A 4 Pi
A « 4.13485 7 = -16.80404
Pioo (Graph.) =»4.40 pzee (Palit-Banerjee) = 4.41442
P20 = 79.268  _ Piom = 79.530
Pica « 79.399
Sr*-D W i
r*-D - Hwt 0.18088, ri- D — 3.37, ePi = rico = 3.27,
jub - 1.93 D. pPt = 3.60
Temp. 40°
0 2.1835 1.01120 1.4129 0.27977
0.0087291 2.3996 1.01373 1.4120 .31383 4.18147 0.16597
.022298 2.7353 1.01408 1.4110 .36140 3.94087 .18696
.033231 3.0062 1.01463 1.4102 .39493 3.74507 .19049
.056960 3.5935 1.01624 1.4098 45627 3.37827 .19545
.071679 3.9578 1.01673 1.4082 48828 3.18877 .20063
A - 4.01658, 7 » -15.79754
P2 (Graph.) - 4.25, P20 (Palit-Banerjee) — 4.29635
Pi» = 76.467 P2 “ 77.403
Pico = 76.985
f*~D *= 0.19429, ri—d = 3.50, eP* * Rrica * 3.40, DPt » 3.74
2B 193 D
Temp. 50
0 2.1665 1.00009 1.4080 0.27994
0.0087291 2.3714 1.00163 1.4072 31322 4.09244 0.14815
.022298 2.6901 1.00218 1.4061 .35957 3.85134 .18651
.033231 2.9469 1.00282 1.4055 .39245 3.66554 .18992
.056960 3.5041 1.00351 1.4052 45336 3.32464 .19854
,071679 3.8497 1.00492 1.4036 48478 3.13764 .19847
A = 3.91661, 7 - -15.09172
Pico (Graph.) = 4.175, pice (Palit-Banerjee) = 4.19655
Pie - 75.218 _ Pie » 75.605
Paco - 75.411
rji-D = 0.19347, Rz b » 3.48, ePi = Rte - 3.38, dPj = 3.72
md ** 1.94 D

action and contributing to the total polarization.
The difference of about 0.1 D between the ap-
parent solution moment of water in dioxane and
the moment in the gaseous state is much smaller
than the corresponding difference, 1.09 D, in the
case of HC1.2 This small increment in the case of
water may be ascribed to its very low acid strength
in comparison with that of hydrogen halides, so
that its bond moment is only slightly affected by
dioxane.

The electrical anisotropy, 0, of water in dioxane
as calculated from the Raman-Krishnan equation4

(14) C. V. Raman and K. S. Krishnan, Proc. Roy. Soc. (London)
117A, 589 (1928).
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Tabie Il

The Electrical Anisotropy, 0, and the Association Ratio, Pp,/P p, of Water at Different Mole Fractions in

Dioxane

—« - e+ 2—
/. 30° 40° 50°
0.041288 0.32239 0.31815 0.31373
.10034 37237 .36647 .36036
14391 40757 40071 .39356
.22802 47186 46368 45494
27410 .50519 49645 48716
41869 .65166 .65139 .63532
.59104 .78846 .78007 76926
.70384 .84989 .84696 .84395
.80985 .90643 .90261 .89742
.83459 .91609 91178 .90684
1.00000 .96190 .96014 .95830

(Table 11) first decreases rapidly with increase of
water concentration up till 60 mole %, and then
slowly tending to attain the value for pure water at
a mole per cent, higher than 83. It may be noted
that at 60 mole % of water there are six water
molecules for every four dioxane molecules.

The vapor moment, no, in the case of water as
calculated by means of the unmodified Onsager
equationl using Wyman’s datal of the static
dielectric constant of liquid is 3.08 D at 30°,
3.07 D at 40°, and 3.05 D at 50°. Complex
formation in liquid water would qualitatively ac-
count for the apparent increase in these calculated
values of no, as compared with the measured
vapor value f.84,12213 or the dilute solution values
1.7-1.9 D.1-5 According to Kirkwood,I7 each
molecule of water is surrounded by a shell of four
nearest neighbors beyond which orientational
effects do not extend and the Hv /H bond

N x
angle is 105° so that the correlation parameter
accounting for the hindered rotation amounts to
2.482. Hence, the calculated molecular dipole
moment in water, n, from Kirkwood’s equation by
the temperature-dependence method is equal to
2.66 D, and the calculated vapor moment, m,
is 2.12 D. The latter value evidently is nearer to
the measured values in vapor or in dilute solutions
than the values obtained by Onsager's equation.

As a rough measure of the association of water in
dioxane at different mole fractions, Errera’s ratio,I7
Pp»/.Pp, may be used. It will be seen from Table
Il that above 60 mole % of water, the increase of
this ratio with increase of mole fraction is greater
than that at concentrations below, and that the
decrease of the ratio with increasing temperature
is more pronounced at higher than at lower water
concentration. Although the Debye equation is
of very dubious significance for a highly polar
substance such as water, yet the reduction of the
orientation polarization at unit mole fraction to
about one-sixth of its value at infinite dilution may
be taken as an indication that the hindered rotation
in a spherical region surrounding a central molecule
in liquid water is due to six neighboring molecules.
It may be noted that in order to reconcile the longer

(15) L. Onsager, 3. Am. Chem. Soc., 58, 1486 (1936).

(16) J. Wyman, ibid., 58, 1482 (1936).

(17) J. G. Kirkwood, 3. Chem. Phys., 7, 911 (1939); Ann. N. Y.
Acad. Set., 40, 315 (1940); Tians. Faraday Soc., 42A, 7 (1946).

30° e x401°0 ‘ 50° 30° ’ pco‘/uﬁp— 50°
4.27 4.29 4.68 1.03 1.03 1.03
3.70 3.73 4.08 1.10 1.09 1.09
3.38 3.42 3.73 1.16 1.15 1.14
2.92 2.95 3.23 1.30 1.28 1.27
2.73 2.76 3.01 1.38 1.36 1.35
2.12 2.10 2.30 1.48 141 1.41
1.74 1.75 1.91 191 1.85 1.82
1.62 1.61 1.74 2.42 2.30 2.24
1.52 1.52 1.63 3.08 2.98 2.90
1.50 1.50 1.61 3.29 3.19 3.09
1.43 1.43 1.53 5.48 5.35 5.19

distances of 0-0 and O-H, which are about 3.1
and 2.85 A., respectively, in liquid water, as com-
pared with the much shorter distances 2.76 and
1.01 A., respectively, in ice, with the higher
density of water, Panthaleon, et al., 2021 assume that
water has a coordination number higher than 4,
which was formerly assumed to be present in liquid
water. The coordination number pointed out by

these authors is 6 with four neighbors at 2.85 A.
joined by hydrogen bonds and two other water
molecules at about 3.6 A. Accordingly, if this
value 6 is taken instead of 4 as the number of
neighbors which are coordinated around the
central molecule in liquid water, a value of 3.223
for the correlation parameter, g, in Kirkwood’s
equation will be obtained. This in turn will give
a value of 2.33 D for the molecular dipole moment,
n, in the liquid, and a value of 1.86 D for the gas
or vapor moment, no. This latter value is in
satisfactory agreement with the measured vapor
value.

Relaxation times calculated by means of Debye’s
relation2 using molecular radii and measured vis-
cosities are in most cases not in agreement with
those obtained from dielectric loss measurements.
For this reason, this equation has been considered
as an inadequate representation of the relation
between relaxation time, molecular radius and
macroscopic viscosity of the medium, and the
inadequacy has been attributed either to the de-
parture of the assumed mechanism of orientation
from the actual mechanism, or the wrong substi-
tution of the unknown internal friction coefficient
by the experimentally measured viscosity. Con-
sequently, in our solutions the relaxation time
of water as calculated from this relation, using
the measured viscosity coefficients, X (Table
111), and taking the radius of water molecule®
as 0.782 X 10~scm., should be regarded as only
approximate. Water in the pure state has a re-
laxation time calculated in this way equal to
0.807 X 10~n sec. at 30°, which seems to be in
consistency with the measured value 0.83 X HR1

(18) J. Errera, “ Leipziger Vortrage,” 1929, p. 105.

(19) J. A. A. Ketelaar, “Chemical Constitution,” Elsevier Publishing
Co., Amsterdam, 1958, p. 420.

(20) V. Panthaleon, H, Mendel and W. Boog, Disc. Faraday Soc.:
24, 200 (1957).

(21) V. Panthaleon, H. Mendel and J. Fahrenfort, Nature, 181, 380
(1958).

(22) P. Debye, Trans. Faraday Soc., 30, 679 (1934).
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sec. at 25° by Collie, et al.,2i and Hasted, et al.s
In any of the mixtures investigated, the relaxation
time of water evidently is higher than that in the
pure state, and the lengthening in the time of
relaxation increases with increase of water con-
centration till about 80 mole %, above which the
relaxation time seems to decrease. In a mixture
containing 83 mole % of water (corresponding to
50 weight %) the relaxation time is nearly double
that of pure water. The higher values of r for
water in the presence of dioxane relates, as previ-
ously suggested by other authors,828 to the hydro-
gen bonding action, and may also be qualitatively
accounted for by assuming that r is proportional
to rj/T.

The temperature-dependence of the macroscopic
viscosity at each concentration up to 83 mole %
of water, is used to calculate the enthalpy of acti-
vation for viscous flow, Aliv, from the slope of the
straight line.24 From the data obtained (Table I11)
it will be seen that in a mixture containing 60 mole

(23) C. li. Collie, et al., Proc. Phys. Sec., 60, 145 (1948).
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Table Il

The Relaxation Time, t, and Enthalpy of Activation
for Viscous Flow, AHV, of Water at Different Mole

Fractions in Dioxane

s-v_X 105 (pois%)—' T X 101 (sec.)— AHv (keal./

h 30°  40° 0° 30° 40° 50° mole)
0.041288 1083 913 778 1.09 0.89 0.73 3.24
.10034 1104 919 776 111 0.90 73 3.33
.14391 1128 932 812 1.13 091 77 3.35
.22802 1179 975 816 119 0.95 a7 3.37
.27410 1215 1055 828 1.22 1.03 .78 3.42
41869 1261 1069 888 1.27 1.04 .84 3.43
.59104 1543 1269 1063 155 1.24 1.01 3.70
.70384 1666 1346 1123 168 1.31 1.06 3.82
.80985 1687 1353 1122 170 1.32 1.06 3.81
.83459 1601 1278 1038 1.61 1.24 0.98 4.25
1.00000 801 656 549 0.807 0.638 0.516 3.71

% of water AHv is nearly equal to that in pure
water, below this concentration Al/v is lower,
and above it AHvV is higher than that of water in the
pure state.

(24) S. Glasstone, K. J. Laidler and H. Eyring, “Theory of Rate
Processes,” McGraw-Hill Book Co., Inc.,, New York, N. Y., 1941,
chap. IX.
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Nitric oxide reduces energy yields of various products in the radiolysis of gaseous hydrocarbons.

These yield reductions

can be explained by assuming that nitric oxide scavenged thermalized radicals or that nitric oxide interfered with processes

not involving thermalized radicals (such as ionic reactions).
must be attributed to the latter cause have not been successful so far.

Attempts to determine what part of the nitric oxide effect
We have, however, found experimental evidence

that as much as 10 mole % nitric oxide has a negligible effect on the product yields of the processes listed which do not in-

volve thermalized radicals:
pane;

(1) processes yielding hydrogen in the radiolysis of methane, ethylene, propylene and cyclopro-
(2) processes yielding ethylene in the radiolysis of propylene.

These results show that, at least in certain situa-

tions, nitric oxide can be used to estimate unambiguously the thermalized radical contributions.

Introduction

Scavengers are often used to estimate the con-
tribution of thermalized radical processes in the
study of radiolysis mechanisms.1 For unambiguous
conclusions, one must be sure that these two
conditions are satisfied: (1) The scavenger reacts
with most of the thermalized radicals but has
only negligible effects on the product yields of
processes that do not involve radicals.2 (2) Products
from the scavenger-radical reactions have only
negligible effects on the energy yields of radioly-
sis products.

Previously, we have used nitric oxide as a
radical scavenger in the radiolysis of gaseous hy-
drocarbons.1 Extensive work by Hinshelwood
and his co-workers established that a sufficient
concentration of nitric oxide (10 mole %) almost
completely suppresses radical processes in homo-
geneous gas phase reactions.3 The use of nitric

(1) Pertinent literature is cited in K. Yang and P. J. Manno, J.
Am. Chem. Soc., 81, 3507 (1959).

(2) Here, and in what follows, the term “radicals,” unmodified,
will refer to thermalized free radicals. The processes that do not in-
volve radicals include reactions of ionic and excited neutral species
as well as hot atoms and hot radicals.

(3) J.Jach and C. Hinshelwood, Proc. Roy. Soc. {London), A229, 143
(1955).

oxide to elucidate reaction mechanisms in gas
phase radiolysis, however, requires careful con-
sideration.

The main difficulty is that a substantial concen-
tration of nitric oxide (several per cent.) must be
present at the beginning of an experiment. This
is necessary to permit carrying the radiolysis to
sufficient conversion to obtain measurable amounts
of products while still maintaining a high enough
concentration of nitric oxide to scavenge most
radicals throughout the experiment.

Recent experimental results seem to indicate
that, even with 10 mole % of nitric oxide, condi-
tions 1 and 2 are approximately satisfied. For
example, the contributions of radical processes
estimated by nitric oxide inhibition data closely
agree with the values estimated by isotopic methods
where such comparisons are possible.14'6 An-
other example comes from a study of the ethylene-
tritium reaction initiated by ,8-decay of tritium.7
There it appeared that only nitric oxide-inhibited

(4) L. M. Dorfman, This Journalt, 62, 29 (1958).
(5) L. M. Dorfman, ibid., 60, 826 (1956).
6) G. G. Meisels, W. H. Hamill and R. R. Williams, Jr., ibid., 61,
1456 (1957).
(7) K. Yang and P. L. Gant, J. Chem. Phys., 31, 1589 (1959).
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reactions were affected by temperature. The
proposed explanation was that in this system
radicals are the only reactive species that partici-
pate in reactions involving significant activation
energies. The nitric oxide suppresses the radical
reactions without measurably affecting the course
of reactions that do not involve radicals. Herein
we report some further attempts to determine
how well nitric oxide fills the requirements for a
radical scavenger in the study of gas phase radi-
olysis mechanisms.

Experimental

Except for dosimetry, the experimental procedures were
the same as those described in an earlier paperlto which
the reader is referred for details. Phillips research grade
hydrocarbons, Matheson cyclopropane (99.5%), and nitric
oxide (99% min.) were subjected to bulb-to-bulb distillation
in a high vacuum line. Varying mole per cent, of scavenger
gases were mixed with reactant gases in Pyrex glass vessels
(60 cm., 25°, 156 cc.). Gamma sources were four spent fuel
elements from the Engineering Test Reactor, Arco, ldaho.
Product analyses were made by gas partition chromatog-
raphy.

Radiation field intensities were measured with an air-gap
ionization chamber calibrated against methane radiolysis.
Hydrogen in the irradiated methane was analyzed by
gas-solid chromatography (silica gel, N2carrier, room tem-
perature). Figure 1 shows a plot of hydrogen peak height
against mole per cent, of hydrogen in methane. Itis agood
straight line.

The (((H 2 values in the radiolysis of methane reported by
different investigators differ appreciably: 5.5,8 5.7,9 6.4.1
We found that methane, after four bulb-to-bulb distillations,
each time retaining only the middle third, gave yields of
hydrogen with approximately 10% average deviation.
It seems likely that the greater part of the deviation comes
from the presence of small amounts of impurities which
could also account for the differences in the literature values;
however the large deviation is not a serious problem in the
present work, because all of the conclusions are based on
relative yields of the products. In calibrating the ioniza-
tion chamber we used the value 5.7 molecules/100 e.v. for
methane radiolysis.10

The calibration factor a for the chamber was 17.1 X 102
e.v./amp. hr. molecule (of methane). The a is the number
of electron volts that would be absorbed by one molecule
of methane in one hour when the field intensity is such that it
gives one amp. of saturation current in the ionization cham-
ber. The a stayed constant within the investigated ranges
of experimental variables: methane pressure, (10-90) cm.;
energy absorbed, (1.6-8.4) X 10~2e.v./molecule; energy
input rate, (1.0-8.0) X 10~4e.v./molecule hr.; and room
temperature.

The energy input rate E to a reactant gas M was calcu-
lated as: E (e.v./molecule hr.)) = a X Zm/Zcb,. Here X
is the ion chamber current in amp.; and Zm and Zch, are
the numbers of electrons in molecules of M and molecules of
methane, respectively. Values of G(A), the number of
molecules of a product A, formed per 100 e.v. absorbed by
the system, then were calculated by dividing the rate of
formation of product A in mole per cent, per hour by E.

Results and Discussion
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Fig. 1.—Peak height as a function of concentration in the
chromatographic determination of hydrogen in methane:
silica gel column, N2carrier, room temperature.

A Side Effects from the Products of Nitric Fig. 2—Formation of hydrogen in cyclopropane radiolysis

Oxide-Radical Reactions.—Experimental testing
of condition 2 is relatively simple. It would be
expected that, if the products from the reaction of
nitric oxide with radicals affected the course of
non-radical reactions, the G(A) values in the pres-
ence of nitric oxide would change with increasing
energy absorption. This has not been observed
in any of our experiments.

(8) Resultof S. C. Lind and D. C. Bardwell, 3. Am. Chem. Soc., 48,
2335 (1926), calculated by F. W. Lampe (see ref. 9).

(9) F. W. Lampe, ibid., 79, 1055 (1957).

(10) Lampe’s value was chosen because his data seem to show
the least scattering compared with other authors.

in the presence and absence of nitric oxide (10 mole %).

Figure 2 shows the rates of formation of hydrogen
in the radiolysis of cyclopropane with 19 mole %
nitric oxide and without nitric oxide. The GYHa)
values were 1.12 + 0.05 and 1.16 + 0.02, respec-
tively. 11 Within the range of energy absorption

1
present experiments. Because of the scattering of (7(Hs) values in the
methane dosimetry, absolute (7-values for the various products could
be in error by as much as 1D% of the values reported here In the pres-
ent paper, the (7(A) values are based on the energy absorbed by the
hydrocarbons alone; hence it was assumed that energy absorbed by
nitric oxide did not contribute to the formation of radiolysis products.

Average deviations are shown to indicate reproducibility in the
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(1.6-5.0) X 10-2 e.v. /molecule, <7(H2 was con-
stant in the presence and in the absence of nitric
oxide.

We have also found that various (r(A)-values in
the nitric oxide inhibited radiolysis of methane,
ethylene and propylene did not depend on the
amount of energy absorption, (1.5-5.0) X 10-~2
e.v./molecule.

B. Side Effects from the Reaction of Nitric oxide, ethylene and propylene,

Oxide with Non-radical Species.—To test for ef-
fects of nitric oxide on reactions that do not involve
free radicals (condition 1), we carried out com-
parable experiments with other radical scavengers.
We measured (?(H2 in methane radiolysis with

added nitric oxide, ethylene or propylene. The
results are summarized in Table I.
Table |
The Effects of Different Scavengers on (j(H2) in
Methane Radiolysis
ScavengersO
None Nitric oxide Ethylene Propylene
5.7 +0.6 2.8 + 0.26 2.9+0.16 2.8 £+ 0.26
“ At a concentration of 10 mole %. b<7(H2-vahies are
based on the energy absorbed by methane alone. See text

also.

To estimate €(H2 in the methane-olefin systems,
hydrogen from the radiolysis of olefin alone was
estimated under the assumption that the presence
of methane did not change G/H2 in olefin radioly-
sis. This portion was subtracted from the total
hydrogen yield. Because of the large deviation in
the (?(H2 value in the absence of scavengers, the
estimated contribution of radical reactions to its
formation ranges from 41 to 59%; however, in the
presence of scavengers, the reproducibilities are
reasonable, and we can conclude that the three
different scavengers gave the same yield of hydro-
gen. A possible explanation will now be con-
sidered.

Important reactions6for the formation of molec-
ular hydrogen in methane radiolysis are

CH3++ CH, - -> CH5+ + h2 (1)
CH4+ + CH4— CHS+ + CHj 2
CHS5++ e - - CH. + H2 3)

One of the ways in which nitric oxide could inter-
fere with these ionic reactions is by electron capture

NO + NO + e- — s NO- + NO  (4)a

The NO- ion thus formed then could react with
the ionic species involved in reactions 1, 2 and 3.
In the cases of ethylene and propylene, electron
capture is not a possibility. Accordingly, the
fact that the same yields of hydrogen were obtained
in the presence of nitric oxide, ethylene and pro-
pylene indicates either that reaction 4 cannot
compete with reaction 3 or that reaction 4 does
not ultimately affect the yield of molecular hy-
drogen. One of these possibilities is needed to
explain the results reported in the next section. In
either case, however, the possibility of electron
capture does not introduce any ambiguity in in-
terpreting the results of experiments in which
nitric oxide was used to measure molecular and
radical yields.

(12) N. E. Bradburg, J. Cham. Phya., 2, 827 (1934).
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Another way in which nitric oxide could inter-
fere with non-radical processes would be by react-
ing with positive ions, for example, charge transfer

M+ 4-NO — >M + NO+ (5)

For such possibilities, however, one would have
to explain not only the fact that the same yield
of hydrogen is observed in the presence of nitric
but also the ex-
perimental observations.

(@) An isotopic method using D2 and a scaven-
ger method using propylene gave the same molec-
ular yield of hydrogen in the argon sensitized radiol-
ysis of methane.6

(b) The molecular yields of methane in the
radiolysis of ethane estimated from the results of
experiments with CH6 + C2D6 systems4 agree
well with nitric oxide inhibition data.1 The pro-
posed reaction is4

CH3+ + CiHe — s CsHs+ + CH< (6)

(c) The energy yields of some products in
which it is likely that ionic reactions make signifi-
cant contributions are not affected by nitric oxide.13

If it were assumed that reactions like (5) compete
with reactions 1, 2, 3 and 6, a considerable col-
lection of coincidences would have to be invoked
to provide explanations for the various cited ex-
perimental observations. It is more reasonable
to conclude that nitric oxide has a negligible
effect on these ion-molecule reactions.

Unfortunately, we cannot use the same method
to check whether nitric oxide changed the hydro-
carbon yields from non-radical processes, because
ethylene and propylene are inefficient scavengers
for thermalized hydrocarbon radicals.

C. Nitric Oxide-Independent G(A) Values.—
When nitric oxide reduces a G'(A)-value, additional
experimental evidence (such as that described in
the previous section) is required to form a definite
conclusion as to what kinds of reactions have been
affected. If nitric oxide has no effect, however,
we may conclude at once that the particular re-
actions involved in the formation of A are non-
radical. Examples are summarized here.

The (?(H2J in propylene and cyclopropane radiol-
ysis was not affected by nitric oxide (Fig. 3).
Nitric oxide also had no measurable effect on
6'(ClIZ=C112 (~0.8) in propylene radiolysis and
(7(H2 in ethylene radiolysis.4 It can be con-
cluded that thermalized radical contributions to
the formation of these products are nearly zero.
Supporting evidence is found in work with the
CH4 + CD4system showing that the formation
of hydrogen in the radiolysis of ethylene does
not involve radical reactions.’5

D. Formation of Unsaturated Hydrocarbons in
the Presence of Nitric Oxide.—Previouslyl we
reported that nitric oxide decreases G(A) for
saturated products but increases the values for
unsaturated products in the radiolysis of hydro-
carbons. A probable explanation is that the re-
moval of unsaturated products by radical attack

(13) See Section (C) of this paper.

(14) K. Yang and P. J. Manno, This Journal, 63, 752 (1959).

(15) M. C. Sauer, Jr., and L. M. Dorfman, paper presented at the
ACS Meeting at Cleveland, Ohio, 1960.
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is inhibited by nitric oxide. Clear experimental
evidence supporting this view was found.

Figure 4 shows the rate of formation of ethylene
in the y-radiolysis of cyclopropane. Without nitric
oxide, [CH2=CH 2] seems to reach a steady-state
value; butwhen nitric oxide is present, [CH=CH 2]
increases linearly with increasing energy absorp-
tion.16 In the presence of nitric oxide (¢(CH2=
CH2 is3.8.

Figure 5 shows the rate of formation of ethane
in the nitric oxide-free radiolysis of cyclopropane.
It suggests that ethane is a secondary product
derived from the radiolysis product, presumably

ethylene. With added nitric oxide, ~ 0.
Probable reactions yielding ethylene are
(CH23—— > (CH2),+ (7)
(CH2s+ + (CH23— > (CH23+H + C3HS5 (8)r
(CHQH+— >mCH3+ + CH2CH?2 9)8B

In connection with reaction 8, it is noteworthy
that the most abundant ion in cyclopropane mass
spectra is the parent ion.19 In the absence of
nitric oxide, ethylene formed in reaction 9 would be
removed by radical reactions.

Conclusion

It has been shown that nitric oxide, at concen-
trations high enough (10 mole %) to suppress
reactions involving thermalized free radicals in
the radiolysis of various hydrocarbons, does not
significantly affect the product yields of many
non-radical processes; thus the presence of nitric
oxide does not change the yields of hydrogen
or ethylene in the radiolysis of propylene. It does
not change the yields of hydrogen in the radiolysis
of ethylene or cyclopropane, and its effect on the
yield of hydrogen in methane radiolysis can be
ascribed entirely to suppression of the reactions
of thermalized free radicals. In fact in all of
the gas phase hydrocarbon radiolysis systems
investigated so far where a reasonable test has
been possible, no evidence has appeared to indicate
that nitric oxide changed the molecular yields of
various products.
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(16) Similar results were obtained in the cyclopropane—tritium
reaction: P. L. Gant and K. Yang, J. Chem. Phys., 32, 1757 (1960).

(17) The general occurrence of ion-molecule reactions of the hydride-
on transfer type has been reported by F. H. Field and F. W. Lampe,
J. Am. Chem. Soc., 80, 5587 (1958).

(18) P. N. Rylander and S. Meyerson, ibid., 78, 5799 (1956).

(19) “Catalog of Mass Spectral Data,” A.P.l. Project 44, Carnegie
Institute of Technology, Pittsburgh, Series No. 115.
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Fig. 3.—Formation of hydrogen in the radiolysis of C*-
hydrocarbons as a function of nitric oxide concentration.

Fig. 4—Formation of ethylene in cyclopropane radiolysis
in the presence and absence of nitric oxide (10 mole %).

Fig. 5.—Formation of ethane in the scavenger-free radiolysis
of cyclopropane: with added nitric oxide, G{C2H,) = 0.
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The crystals of potassium perchlorate precipitating from aqueous solution were found to grow with a higher velocity than

calculated for pure diffusional rate control.

This effect is explained by the convection around the falling crystals, which

keeps the concentration near the crystals higher than diffusion alone.

Experimental

The supersaturated aqueous solution was prepared by
mixing 50 ml. of 0.5M KCland 50 ml.of 0.5 M NaClQs. The
mixture was stirred continuously during the experiment.
The electric conductance was followed by means of a
Philips Recording Conductance Bridge. The readings were
converted into the degree of advancement a = (co — c)/
(co — s) (where ¢ = concentration of dissolved KC104, @
= catt = 0, s = solubility of KC104) by means of the re-
sults from measurements on solutions having the composi-
tions corresponding to different known values of a. The
particle size at the end of the experiment was determined
by sedimentation in a mixture of glycerol and water, satu-
rated with KCIO4 The weight of the sediment was re-
corded and, from the relation between weight and time, the
weight distribution curve was obtained by differentiation
according to Odén.1 In the following the weight average
radius of the crystals (assumed spherical) is used. Since
the distribution is rather sharp, the different kinds of aver-
age differ only by a few per cent.

The crystals have a rather compact shape so that
it will not lead to great errors to treat them as

spheres in the calculations of r,he present work.

Results

In Fig. 1is shown the degree of advancement a
as function of time t In a previous work2it was
shown that, in case of pure diffusional rate control
the relation between a and tis given by

t —Kdld
where

Ka = acssvoic0- S)

<4 = radius at a = 1; v = molar volume of pre-
cipitate, D = diffusion coefficient, cO = initial con-
centration and s = solubility. 14 is a function of
a which has been tabulated.2 We insert a\ = 4.64
X 10~3cm. as found from the sedimentation analy-
sis, v = 55.0 cm.Imole, @ = 2.5 X 10_4mole/ cm.3
s = 158 X 10~4mole/cm.3 determined from the
final value of the conductivity in the kinetic experi-
ment and/) = 1.61 X 10~5cm.2sec. (From ionic
equivalent conductivities we find D = 1.88 X 10-5
cm.2sec.; this is corrected to ionic strength 0.5 by
means of the factor 1 —0.5864VF/(1 + s/l)2
= 0.858). This gives Kd = 88 sec., and the cor-
responding curve, t —881d(x), is shown on Fig. 1.

Discussion

It is clear from this that the crystals have grown
faster than possible if the solute can reach the sur-
face of the growing crystals only by diffusion—no

(1) S. Odin, Kolloid-Z,, 18, 33 (1916).
(2) A. E. Nielsen, Acta Chem. Scand., 13, 784, 1680 (1959).

matter what is the type of reaction in the surface
transferring it from the dissolved to the crystalline
state. The only possible explanation is that con-
vection is also contributing to the transport from
the bulk of the solution to the crystal.

Mathematical.—The expression quoted for Kd
was derived2 using an approximation, since the
concentration gradient at the surface was calculated
from the stationary solution of Fick’s second law.
But when the particles grow it must be a little
larger. In order to be sure whether this gives any
appreciable contribution to the increased growth
rate observed we shall first consider the case of
purely diffusional growth. Later on we shall treat
the combined diffusion-convection-control of the
rate of particle growth.

1 Purely Diffusional Growth of a Sphere.—

The diffusion process follows Fick’s second law and
since the case is spherically symmetric this law
can be written, assuming D independent of c
oc _ ov  20C1
dt or2 r orj
where ¢ = concentration and r = radius vector.
With a = radius of the particle and s = solubility
the boundary conditions are

c(r,0) = cee; cf{a,t) = s; c(°M) = ¢,
If a and c. are constant the solution is easily ob-
tained by standard methods (e.g., through the La-
place transformation)
n

c ca erfr
( VW J
where
2
fx: -
erf x \/I1s :exp(£2)d£

There is a non-trivial stationary solution (this is
not true for the analogous one- or two-dimensional
cases) obtained for t-'m <

c=s+ (cco —s)(l —arr)
The rate of growth must satisfy
dasdt = vD(dc/dr)r-a
and if the stationary value of dc/dr is used, we get
da/dt = vD(c,, —s)/a
a = \Z2vD(cm — )t
This is valid at low concentration only. At high
concentration the growth may be so fast that the
stationary concentration field cannot be established
with sufficient accuracy. We shall therefore derive

the exact solution to Fick’s second law for a growing
sphere.
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The radius ais initially zero. Since no geometric
parameter is fixed in advance, the function c(r,
ii) at any time ti is derived from c(r,tn) valid at any
other time simply by multiplying all the radii by a
common factor. This means that if

c(n,ti) = c(rzin)

and
c(r3h) = c(r,,In)
then
n=1=°
r T an
Therefore ¢ = ¢(z); z = a/r;a = a(t).

Inserting this in Fick’s second law we get
dcda _ pa. dV

dz di r3 dz2
or
a da _ s dzc/dz>
D At : dc/dz
Since
da
di
we have
a da / de\ a constant > o
Ddt= ~VU % , = K’
and
,d=c/dz. _
deidz

The general solution of this differential equation is

c=Ki[*ep(- §9 +V ?2af6 Vi) ] +Ki
The arbitrary constants 7% and K2 are eliminated
by means of the two boundary conditions for2 = 1

c'=s, de/dz =

—K/v

e <RI 0-?)) - _
V¥ [afg Vi) mafVi]ep(f)]

From the third boundary condition

c=aforr= ©

- KDe Vri1- AVi)ep(i)]

v(ca —s)
K

follows

v{Cco —.5) =

which reproduces the formula
a= \/| DI((XX) —s)t

found by means of the stationary solution to Fick’s
second law. If we write the exact solution

a = V2Dv(Ca, — s)l/g
defining the quantity q by this equation, we may
determine the relation between q and v(c, —s) by
means of the equations

- - VA0 - afVi)e(i)
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the precipitation of potassium perchlorate from supersatur-
ated aqueous solution. “ss1d,” theoretical curve, assuming
that only diffusion is controlling the rate of growth;
“s8/0220,” theoretical curve, assuming that both diffusion
and convection are controlling the rate of growth; circles,
experimental points. The coefficients in the theoretical
curves were calculated from the particle size, measured inde-
pendently.

Kg = i)(Cm—s)
Table I gives numerical examples of this relation-
ship.

Table |

v(Cco —s) 4 v(co —9) Q

0.00001 0.996 0.05 0.730
.00002 .994 1 .620
.00005 991 2 .485
.0001 .987 3 .382
.0002 .982 4 .300
.0005 972 5 .232
.001 .960 .6 172
.002 .944 7 .120
.005 912 .8 .073
.01 877 9 .034
.02 .827 1.0 .000

We see that the approximation made when using
the stationary concentration gradient is good when
YGo —s) is small. This entity is the ratio between
the supersaturation c» —mand the concentration of
the matter in the precipitated state, 1/v. It is also
the volume of precipitate originating from a unit
volume of the solution. When vcw —s) = 1 the
transition from the dissolved to the precipitated
state does not require any transport through
space, and (neglecting latent heat of phase change,
etc.) may proceed infinitely fast.

In the experiments reported above v = 55.0 ml./
mole, cO= 2.5 X 10 4ands = 1.6 X 10~4mole/ml.,
so that in the beginning of the experiment v(c,, —s)
= 0.005, g = 0.904. The spheres will thus reach a
certain size in 90.4% of the time they would require
if the concentration field were of the “stationary”
type. Since it will complicate later calculations to
take into account the change of qwith concentration
we shall in the following always assume q = 1
The error will not invalidate the conclusions con-
cerning the cause of the great velocity of growth of
the particles.

2. Convection.—According to Stokes3 the ve-

locity field in the space around a sphere of radius a
falling through the liquid with the velocity U satis-
fies

3) G. G. Stokes, Trars. Cambridge Phil. Soc., 9, 8 (1850), reprinted

in “Mathematical and Physical Papers,” by G. G. Stokes, Voi. 3, 1,
Cambridge Univ. Press, 1901, see pp. 55 ff.
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Fig. 2.—Sections of surfaces of equal concentration (z =
0, 0.2, 0.4, 0.6 and 0.8) at different velocities (A = 0, 1, 10
and 100) around a sphere growing with a rate controlled by
diffusion and convection whilst falling through the liquid.

u' = Ucose[l - I 2+\ ()]

= -CTsinfl[l -\-T-i(“)3

up-~ 0

where ur, ug and uv are the components in the co-
ordinate directions of the velocity relative to the
sphere, r being radius vector (from the center of the
sphere), 6 the colatitude and <pthe longitude; 0 = 0
when r points vertically upwards.

These equations describe the velocity fields for
Reynold’s numbers

R = 2aUd/<i
up to about 8. For < 8.15 eddies do not occur.4
For R <C 1 the force on the sphere caused by the
motion through the liquid is given by Stokes’ law
force = QwitaU

When this force equals the pull exerted by gravity

4
Qmjau = é:') fo3d — da)g

the sphere falls with constant velocity, and we
derive

R — dasyd{id — do)/9i?2

In our experiment with KCIO., we had (\ = 4.6 X
10"3cm., do = 1.02,d = 2.52, v = 0.009, g = 981

R = 0.81

The error introduced by the application of Stokes’
law at such large values of R is commented on
below.

The vector with the components ur, ugand uv (=
0) given above is the flow of liquid volume per unit
of area and time. Multiplying it by the concentra-
tion we get the flow of matter caused by the con-
vection. Since the flow of matter arising from dif-
fusion is —D grad cwe have the total flow of matter

(4) H. Nisi and A. W. Porter, Phil. Mag., (6] 46, 754 (1923).
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J = —Dgradc + cu
The rate of change of the concentration is given by
dc/dt = —div J —divfD grad ¢ —cu[

Neglecting the compressibility and the partial
volume of the solute we may use

divu =0
With a constant D we therefore derive
dc/dt = D divgrad c —ugrad c

Introducing the Stokes velocity field we finally get

5¢c = n ré~c 1 5%~ p
) + U/, *
dt |.6r2 r2502) + , (" _5*+
cos6 g + [gcot«-

‘M ()]

c=c(r 91t); cr,90) =c» cl@aset =s c(r
6,1) = G» Since we need only the stationary solu-
tion we let the left-hand side be zero. Introduction
of the dimensionless constant

A = auU/D
the dimensionless variables
p = In(r/a), f = (c —s)/c,,
and the two functions of p

_ 3 1

T o e
3 1

@=ee 4 40

transforms the equation into
Ssr 5r
N+ (1 + N 1Cos9)d
5p2

(cot6 AV2sin9)”~ =0
o7

wheref = f (p,9; 0< p< <» 0< 9< w f (O,
9 =0; f (0°5 9 =1. A is closely related to
Reynolds number

A = Rr)/2Dd0
For KCI10O4 in water at 25°

A s 270«

If the approximations made are regarded good for
R < ca. 1we may as well use the formulae for A <
ca. 300.

The equation was solved numerically by relaxa-
tion, and some of the results are shown in Fig. 2.

In the case of pure diffusion the total rate of in-
crease of volume is

dF /At = 4wdiDv(dc/dr)r.a = 4iraDv(Co> — s)

When also convection is influencing the concentra-
tion we write

dV/dt —4waDv(co — s)F

F can be found by integrating the normal com-
ponent of the flux over a sphere concentric with the
growing particle.

dF/dl = v (cu — D grad c)dS =
—v J'g (cu\ — DdcJdr)dS

= —vj'j,cmU cos e - a/r — Z)(a/r2)5c/5(alr))dS
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F=—~ AN cos 6 SiNBdd + f sin O(0£/0p)d0j
By calculating F for different values of r a control
is obtained of the consistency of the solution. This
was tried in several cases and the agreement found
to be better than 2%.

The results of these calculations are given in
Table 11 together with (1 + A)0ZG This expres-

Table Il

A F @ + A)O.»s
0 1.00 1.00
1.21 1.22
3 1.47 1.48
10 2.02 1.98
30 2.62 2.66
100 3.72 3.73

sion was found empirically to agree within the ac-
curacy with F-values found by solving the differen-
tial equation and is convenient for interpolation.

Frisch6 treated a similar problem “The steady-
state diffusion into a streaming sphere at low Reyn-
olds number.” But he assumes that c(r, 0) = c(r,
i). The reason for this is not clear and turns the
problem into another one than ours. In order to
compare the results we may insert Xff » 1in
Frisch’s formula (14b), which gives, with our sym-
bols

---S1 +

1,195.42 +

f-1+fS (1+T > ,+

whereas the result of the present work can be
written

F =0+ A»HS 1+ 028A - 0.1019A2 H--—-...

These two expressions do not agree, not even
approximately.

Chronomals.—We are now able to find how
the degree of advancement must change with time
when both diffusion and convection carry matter to
the growing particles during precipitation. As the
particles grow, a and therefore A change. Now as is
proportional to a, and so we can write

A = Rv/2Dd0 = 2a3jAd/9Di] = aC
where
C = 2aiBAI/I>TT
a, = radius of the particles when a — 1

In the following we shall no longer consider the
local variations of ¢ in the solution and will there-
fore drop the subscript » on c.
The growth follows

dvsdt = difabv(c —s)F

da/dt = —(co — s)-1dc/df = N(cO— s)_1v-1d7/di

= AOTaiDall3(1 — a)F(a)
t = KdalIDC

where
Kd — 1/ 4w ilV])

N — number of particles per unit of volume
Since (co —s)v = 1V(4/3) 7rai3we may also write
(5) Il. L. Frisch, J. Chcm. Phys., 22, 123 (1954).
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Kd = 0i23(co — s)Dv
Using F = (1+A)0ZB A = aC it is possible to
calculate 1 ac as a function of a by numerical inte-
gration for any fixed value of C. The results of
such calculations are given in Table I1I.

Table Il
a Id IDI Idi ldiq 1D30 IDIOO LB300
0.003 0.03 0.03 0.03 0.03 0.03 0.03 0.03
.01 .07 .07 .07 .07 .07 .06 .06
.03 .15 .15 .15 .14 .13 12 .10
.05 .21 .21 .20 .20 .18 .16 .13
.10 .34 .33 .33 .31 .28 .23 .18
.15 .45 44 .43 .40 .35 .28 .22
.20 .56 .55 .53 .48 41 .33 .26
.25 .67 .65 .62 .56 47 .37 .29
.30 a7 .75 71 .63 .53 41 .32
.35 .88 .85 .80 .70 .58 .45 .35
.40 .99 .95 .88 77 .64 .49 .38
.45 1.11 1.05 .97 .84 .69 .53 41
.50 1.23 1.16 1.06 0.91 74 .57 44
.55 1.36 1.27 1.17 0.99 .80 .61 47
.60 1.50 1.40 1.28 1.08 .87 .66 .50
.65 1.66 1.54 1.40 1.17 .94 71 .54
.70 1.83 1.69 1.52 1.26 1.01 .76 .57
.75 2.04 1.86 1.67 1.37 1.09 .82 .62
.80 2.28 2.07 1.84 1.50 1.19 .88 .66
.85 2.59 2.33 2.05 1.67 1.31 .96 72
.90 3.01 2.68 2.35 1.88 1.46 1.09 .81
.95 3.72 3.27 2.83 2.24 1.72 1.28 .95

In using Stokes’ law an error is introduced since
this law is only valid in the limitR 1. AtR =1
the error in calculating the force from Stokes’ law is
about 10%.6 Since the force is almost proportional
to R, and A aswell, and since F = (1 + A)0ZBwe
find the error on F to be about 3% at If = 1
Since the relative error is proportional to R, which
during the experiment rises almost proportionally
with a until R = 0.8 we see that the error intro-
duced with Stokes’ law is about 1%, which is negli-
gible.

In the reported experiment on KC104 we find
from the value of ai, determined by sedimentation
analysis, C = 220, xk « = 88 sec. The correspond-
ingcurvet = k al ac(o) iISshown on Fig. 1. We see
that the experimental and the calculated curves
have the same shape, but the experimental curve
seems to “start” about 7 seconds later. This may
be caused by ineffectiveness of the mixing process,
or by an induction period in which the crystals are
nucleated, or if a mechanism different from dif-
fusion is rate determining. As soon as the crystals
have reached a certain very small size they grow
according to the theory developed in the present
paper.

For a > 0.80 the crystals grow more slowly than
predicted by the theory. This effect has not been
investigated further for KCIO4, but a possible ex-
planation is that at these low concentrations the
rate is also influenced by the surface reaction
transforming the dissolved matter into the crys-
talline state, as was found with BaSCh.2

(G) Seefor instance: L. Schiller, Handbuch der Experimertalpkysik
4.2, 337 (1932).
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Further refinement of the crystal structure of Cs2CuCL and a partial analysis of the crystal structure of [N(CH3)4]2CuC 14

have been carried out.
102.9°, all £+0.7°.

In 1952, Helmholz and Kruhlreported the crystal
structure of Cs2CuCl4. They found the structure
to contain discrete CuCl4 ions with a configura-
tion intermediate between tetrahedral and planar,
the CI-Cu-Cl bond angles being 104 and 120°.
Although it is evident that the reported structure is
essentially correct, their reported value of

prompted us to carry the refinement further and
also to investigate the structure of [N(CH34]2
CuCl42 The similarity between the axial ratio of
CsXuCl4 a\b\¢ = 1.2691:1:1.6137 and of [N-
(CH342CuCl4, a:b:c = 1.3416:1:1.6766 suggest
that their structures are quite similar.

Experimental

Crystals of both compounds were obtained by evaporation
of aqueous solutions containing the stoichiometric propor-
tions of CuCh and CsCl or N(CH3)4C1. The yellow-orange
needles of Cs2CuCl4 were similar to those of Helmholz and
Ivruhl while the yellow-orange crystals of [N(CH3)42CuCl4
were short rod-like prisms bounded by [011] and terminated
by [100].

Precession and Weissenberg photographs taken with Cu
1.5418 A.) of the Cs2ZuCl4crystals led to the
9.719, o = 7.658, o» = 12.358 A ., all

+ 0.01 A., in agreement with Helmholz and Kruh.1
Systematic absences of (0kl) for h + lodd and of (hkO) for

h odd indicate the space group-to be Pnma or Pn2ia.
Similar photographs of the [N(CH j)42CuC ¥4 crystals led

to the cell dimensions a0 —36.381, b(, = 9.039, C, = 15.155 A.

(all £ 0.01 A.). However, all but a relatively small number
cf rather weak reflections could be indexed with a4 = 12.127

A. Therefore, these weak reflections were ignored in the
present treatment and the cell was considered to have a0 =

12.127 A. These cell dimensions are in satisfactory agree-
ment with those reported by Mellor.2 Systematic absence
of (0Kl) for k + lodd and of (hkO) for h odd indicate the space
group to be Pnma or Pn2ia.

Integrated photographic intensity data were collected for
(hOl) of CssCuCh with MoKa radiation on a Nonius Inte-
grating Weissenberg camera, for (hkO) of [N(CH D42CucCl4
with CuKa radiation on the same camera, and for (/.Of) of
IN(CH3)412CuC14 with MoKa radiation on an integrating
precession camera.3 In all cases multiple films and a series
of exposure times were used. Camera integration was in one
direction only and each spot was scanned in the other direc-
tion with a Moll type densitometer feeding into a Leeds and
Northrup amplifier and recorder having a logarithmic slide
wire. The area under the tracing of each spot was measured
with a planimeter and these areas were taken as the relative
intensities. Lorentz and polarization factors were applied,
but no corrections were made for absorption. All calcula-
tions were made with an IBM 650 computer. In the cal-
culation of structure factors, Thomas and Umeda4scattering

radiation (X =

cell dimensions aa =

(1) L. Helmholz and R. F. Kruh, J. Am. Chem Soc., 74, 1176
(1952).

(2) D. P. Mellor, Z. Krist., A101, 160 (1939).

(3) J. M. Stewart and E. C. Lingafelter, Rev. Sci. Instr., 31, 399
(1960).

(4) L. H. Thomas and K. Umeda, J. Chem. Phys., 26, 293 (1957).

The bond angles in the distorted tetrahedral configuration of CuCl4

are 124.9, 123.3, 102.5 and

factors were used for Cs, Cu and Cl, and McWeeny scatter-
ing factors5for the other atoms.

Refinement of CsZuCl4— Refinement of the pro-
jection of CsZuCLi on [010] was carried out by
difference syntheses to a value of R = 2 JFo |—
I Fc)I/2 1 Fo | = 0.10,6using individual atom iso-
tropic temperature factors. The final atomic posi-
tions and temperature factors are given in Table I,
and bond lengths and angles in Table Il. The
standard deviation of the Cu-ClI lengths is 0.02 A.
and of the CI-Cu-ClI angles is 0.7°, calculated by
the method of Cruickshank.7 Thus the changes in
bond lengths from those of Helmholz and Kruh are
not significant and the changes in bond angles,
while significant, are small.

Table |
Position and Temperature Parameters for CS@UQ“
Atom x/a viba z/c B
Cs, 0.1317 0.25 0.1018 3.3
Cs2 -.0065 .75 .3263 3.1
Cu 2320 .25 4178 2.7
Cl, .3340 .25 5745 3.3
cl2 .0030 .25 .3935 4.3
Cl, .2940 0 .3500 4.3
° From ref. 1.
T able Il

Bond Lengths and Angles in CuCl4~_
------- In [NiCHsbkCuCl.,------

In CsiCuCU From [010] From [001]
cu-cl, 2.18 A. 222 k. 2.28 A.
Cu-Cl2 2.25 2.20 2.24
Cu-CL 2.18 2.23 2.23
Cl,-Cu-Cl2 124.9° 129.8° 131.5°
Cli-Cu-Cls 102.5 99.6 99.4
Cl2Cu-ClI3 102.9 102.2 101.5
CL-Cu-CV 123.3 127.1 127.4

Approximate Structure of [N(CH34]2ZuCl4—
Neglecting the faint reflections which indicate the
tripling of the a axis, the several Weissenberg and
precession photographs taken of [N(CH342ZuCl4
are quite similar to those of [N(CH342ZnCl48
indicating that their structures are similar. Since
the (hQOl) net shows no indication of the 36 A. aQ the
effective unitocell in the projection on [010] has
a0 = 12.127 A. Initial atomic positions were ob-
tained from a Patterson projection P(x,z). Refine-
ment of these positions by Fourier and difference
syntheses was carried out to a final value of R =
0.12, using individual atom isotropic temperature
factors, and assuming the space group to be Pnam.

(5) R. McWeeny, Acta Cryst., 4, 513 (1951).

(6) Tables of observed and calculated structure factors for both com-
pounds may be obtained from E. C. Lingafelter.

(7) D. W. J. Cruickshank, Acta Cryst., 2, 65 (1949).
(8) B. Morosin and E. C. Lingafelter, ibid., 12, 611 (1959).
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Refinement of the projection on [001J is expected
to be less satisfactory, since the (hkO) zone shows
the faint reflections corresponding to the 36 A. a0.
Neglect of these faint reflections can therefore be
expected to lead to only approximate coordinates.
Fixing the x coordinates at the values calculated
from the projection on [010], it was found possible
to refine the projection on [001] only to R = 0.25.
Allowing both x and y coordinates to vary, it was
found possible to refine the projection on [001] to
R = 0.18, with final x coordinates differing some-
what from those obtained from the projection on
[010]. The final coordinates are given in Table I11.
The differences in x coordinates between the two
projections range from 0 to 0.085 A., with a mean
value of 0.023 A., for the heavy atoms, Cu and Cl,
and from 0 to 0.45 A., with a mean value of 0.15 A,
for the light atoms. It therefore seems apparent
that the differences between the three sub-cells
are primarily in the ~-coordinates of the N and C
atoms. Since our main interest in pPNRCHshCuCh
is in the configuration of the CuCh , no further
attempts have been made to refine the projection
on [001] using the faint reflections.

Using ~-coordinates from the projection on [001],
z coordinates from the projection on [010], and the
two sets of x coordinates, two sets of bond distances
and angles in CuCU  have been calculated and are
given in Table Il, along with the values from the
Cs2ZuCl4 Because of the uncertainty in the co-
ordinates, no significance should be attached to the
differences between the values from the two com-
pounds, but it is apparent that the CuCl4 s dis-
torted from tetrahedral toward square configuration
as described by Helmholz and Kruh.1

This intermediate configuration for 4-coordinate
Cu(ll) has now been found in three cases: the
present CuCh— ; the CuBr4 in CsZuBr&with

(9) B. Morosin and E. C. Lingafelter, Acta cryst., 13, 807 (1960).
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Tabie Il

Positional and Temperature Parameters

:N(CH,))4ZuCl4

for

J— hoi (R = 0.119)- o = 0.181)-
x/a zfc B < y/b T
Cu 0.2281  0.4028 3.3 0.2281  0.250 5.9
cl, 0495 3700 6.5 0450 250 6.1
ci2 3100 5320 6.5 3170 250 8.5
cI3 2750 3490 9.9 2740 029 6.5
N, 1280 0970 6.0 1280 250 8.0
n2 5050 8330 6.0 5280 250 8.0
C, 2590 1130 8.0 2220 250 8.0
c2 .1270 - .0010 8.0 1270 250 8.0
c3 .0770 1320 9.0 0600 121 7.0
< 4210 7580 7.5 4210 250 8.0
c6 4500 9150 7.5 4500 250 8.0
ce 5710 8280 9.0 5920 121 7.0

angles of 128 and 101°; and in CuC”Ch,D in
which the copper ion is surrounded by a set of
oxygen ions with O -Cu-0 angles of 122 and 103°.
The configuration has been quantitatively ac-
counted for on the basis of ligand field theory for
CuCl4 by Felsenfeld. 11

Some comment should be made with regard to
the values obtained for the atomic temperature
factors in [NfUHj”CuCLi. The large value for
Cu for the hkO zone is due to omission of the dis-
persion correction as discussed by Stewart,
Breazeale and Lingafelter.22 The large values for
Cl may arise from either actual large thermal
motion or a small randomness of position associated
with the tripling of the small cell.

This work was supported in part by the Office of
Ordnance Research (U. S. Army) under Contract
No. DA-04-200-ORD-668 and in part by the U. S.
Public Health Service under Grant A-2241.

(10) E. Prince, ibid., 10, 544 (1957).

(11) G. Felsenfeld, Proc. Roy. Soc. {London), A236, 506 (1956).

(12) J. M. Stewart, J. D. Breazeale and E. C. Lingafelter, Acta
Cryst. (in press).
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The results of Cheng and Sehachmanlon dynamic properties of suspensions of uniform polystyrene latex particles are
used to test the theory for the concentration dependence of sedimentation rate, based by Fessler and Ogston2and Ogston3
on the treatment of Sullivan and Hertel4 of the flow of fluid through a porous plug.

Fessler and Ogston2 and Ogston3 showed that,
with certain assumptions, Sullivan and Hertel's4
treatment of the flow of fluid through amorous plug
can be applied to the sedimentation of solute parti-
cles at finite concentration through a fluid medium.
Ogston3 showed that the particle characteristics

(1) P. T. Cheng and H. K. Sehachman, J. Polymer Sci., 16, 19

(1955).

(2) J. H.
(1951).

(3) A. G. Ogston, ibid., 49, 1481 (1953).

(41 R. R. Sullivan and K. L. Hertel, Adv. Colloid Sci., 1, 37 (1942).

Fessler and A. G. Ogston, Trans. Faraday Soc., 47, 667

obtained by this treatment for a variety of types
of solute particles were in reasonable agreement with
what were believed to be the weights, shapes and
hydrodynamic volumes of these particles. How-
ever, it has not so far been possible to apply this
treatment to any material whose particle charac-
teristics are certainly and accurately known from
independent evidence.

The measurements of Cheng and Sehachmanlon
a suspension of polystyrene latex particles make
such a test possible. These particles are known by
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electron microscopy to be spherical and closely
homogeneous, and their radius has been accurately
measured. Cheng and Schachmanlshowed that the
equation of Einstein for the intrinsic viscosity of a
suspension of spheres is obeyed strictly, taking the
hydrodynamic volume as equal to the geometric
volume of these particles; that is, solvation is
negligible. They showed also that the sedimenta-
tion coefficient at zero concentration is very close to
the value expected for spheres of that size and
density; and, finally, that the variation of sedi-
mentation coefficient over the volume fraction (9
range 0-7.5 X 10~2is expressed by

- = - (1 + 4.060 + 15.902
So

3 (1)

where s, sO are the sedimentation coefficients at
volume fraction <€ and zero volume fraction of
solute.

Theory.—In the expressions given by Fessler and
Ogston2and by Ogston3there is an error in the con-
version of the sedimentation rate relative to solvent
(which is the quantity given directly by their treat-
ment) to that relative to the cell (which is that
directly observed); the former quantity was divided
instead of multiplied by the volume fraction of sol-
vent. Equation 9 of Ogston3 (omitting the factor
“3¥ ¢.v.) should therefore read

i_ .,k loo v (cyyioo)» i

sV F Cl- wA(@L- GVI00)y"ma @

where s, sO are sedimentation coefficients at con-
centration C g./IOO ml. and zero; S is the surface
area/unit hydrodynamic volume and V' is the
hydrodynamic volume/g. of solute particles; k and
f are constants; v is the partial specific volume of
solute and p is the density of solvent and jj its
viscosity. For comparison with equation 1 it is
convenient to convert equation 2 into the same
terms. In this case ¥ (= C'F/10Q), the hydrody-

Tabie |

Values for the Axial Ratio J, the Hydrodynamic

Specific Volume V and the Molecular Weight M of
Particles of Polystyrene Calculated by the Method
of Ogston3

Value known Value estimatgd

0 priori with k = 1.
10-» M 5.87 5.55
J 1 4
A 0.95 0.54

A. G. Ogston

Yol. Gb

namic volume fraction of solute, is equal to <

since V' = v, and I/v = pp the density of the
solute particles; accordingly
- = - ]1+ s7mS2 X | X (3a)
S0 1 f pP - »p (i -
Expanding this to the second power of $
(0 + 402[ (3b)

-l +
> J(l SOVSZP X P
Discussion

The forms of equations 1 and 3b are the same
and the experimental ratio of the coefficients of €2
and of 0 is 3.92 in good agreement with the theoreti-
cal value of 4. If the theory is correct there
should be complete correspondence between these
equations, but comparison is made difficult by
uncertainty about the proper values of f and k; f is
probably close to 2/3, but the value of k is rather
uncertain. Ogston3chose k = 1.8 in preference to
the value of 3 used by Fessler and Ogston, on the
grounds that this gave better agreement with
what were believed to be the molecular characteris-
tics of a number of different types of macromo-
lecular materials.

However, for none of these materials were the
molecular characteristics known with certainty.
Use of k = 1.8 gives the values for polystyrene latex
particles shown in Table I. These are calculated
from the data of Cheng and Schachman by the
method of Ogston3using sO = 2410 X 10-13; i? =
0.86 X 10~2, [7] = 0.025; S for spheres = 3/rand
r, the particle radius = 1300 A.; pp = 1.052 and p
= 0.997; d(l/s)/d$ = 4.06 X 10132410 (from
equation 1). Evidently the axial ratio is over-
estimated and the hydrodynamic specific volume is
underestimated. Alternatively, the data may be
used to show that k = 1.35 gives agreement with
the known dimensions of the polystyrene latex parti-
cles, and this value may be used to calculate the
molecular characteristics of the substances discussed
by Ogston.3 The results are given in Table I,
compared with those obtained with k = 1.8.
While the lower value of k gives perhaps more rea-
sonable values for the globular proteins, the axial
ratios of the chain polymeric substances are as
much less than 1 (the expected value) as they are
greater than 1with k — 1.8.

The present comparison therefore gives only

Tabie |l

Particle Dimensions Calculated by the Method of Ogston3

k = 18
M J
Ovalbumin X 104 2.5
Serum albumin X 104 5.2
Carboxyhemoglobin X 104 5.6
Southern bean mosaic virus X 103 7.8
Myosin X 105 16
Tobacco mosaic virus X 107 7.8
Polysarcosine viii-75 X 104 3.2
Polyisobutylene F5 X 10« 3.4
F4 . X 10s 3.2
LA2 2.2 X 10s 3.5
LC2 X 10s 3.1
LD3 4.0 X 104 3.9

k = 135

\%A M J Vi1
1.35 4.9 X 104 1/8 0.64
0.69 6.7 X 104 3.2 1.1
0.61 6.4 X 104 3.7 0.91
0.67 7.5 X 106 3.9 0.96
8.4 7.4 X 103 12 12
2.9 4.2 X 107 5.6 4.2
7.5 2.0 X 104 1/5 6.1

120 1.7 X 106 1/3.9 123

74 8.2 X 105 1/5.1 59

27 2.3 X 108 1/2.5 35

19 1.2 X 103 1/5.4 15
7.4 4.2 X 104 1/2.4 11
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general support to the treatment and estimates k
only for the case of spherical particles. It may be

D ecomposition of Solid FIAN2by Charged Particle Bombardment 53

that different values of k are appropriate to different
types of particle.

THE DECOMPOSITION OF SOLID HAN2 INDUCED BY CHARGED
PARTICLE BOMBARDMENT

By Harold A. Papazian

Convair Scientific Research Laboratory, San Diego, California
Received May 4» 1960

The decomposition of solid hydrazine induced by ion and electron bombardment has been studied.

was found to proceed through several steps.
solid was measured.

The decomposition

The stepwise evolution of Nj, H2and NHj during warmup of the bombarded
The absorption spectrum of the bombarded solid showed the absence of NH2.

The results indicate

the formation of nitrogen compounds such as triazene which are stabilized at low temperatures and which decompose during

warmup of the solid.

Introduction

In a recent studylof the photolysis of HN3we
presented evidence for the existence of the inorganic
nitrogen chain compounds. The photolysis of
solid HN9was shown to proceed through the forma-
tion and subsequent decomposition of triazene,
tetrazene and perhaps even longer chained com-
pounds. In an attempt to find evidence for these
compounds in another system we have studied the
decomposition of solid HAN2 induced by electron
and ion bombardment.

The decomposition of the irradiated solid HAN2
was found to be exceedingly complicated, proceed-
ing through several steps. Although it is not pos-
sible to state with certainty, the evidence does indi-
cate the existence of the compounds found in HN3
and also other kinds of nitrogen compounds which
are stabilized at low temperatures.

Experimental

Two methods of purifying solid hydrazine were used.
Anhydrous hydrazine (95 + %) was vacuum distilled from
KOH, onto a cold finger containing liquid N2. The solid
was then allowed to warm up by removing the liquid N,.
During this warmup, lower boiling impurities were pumped
away. When the white deposit started to disappear from
the preparation cold finger, liquid N2 was reintroduced;
a fraction of the remaining H4N 2 was then sublimed over
to the reaction cold finger. The second method of puri-
fication was the generation of H<N2from hydrazine bisulfate.
There was no difference in the results. The hydrazine was
deposited as a transparent glass on the reaction cold finger
by careful sublimation of the hydrazine from the preparation
cold finger. Approximately 2 mg. of hydrazine was de-
posited on 2 cm.2of surface yielding solid films on the order
of 10~2mm. thickness.

After the deposition on the reaction- cold finger, and with
the apparatus under continuous pumping, the solid was
subjected to ion and electron bombardment by discharging
a laboratory Tesla coil against the outer wall of the cold
finger for various lengths of time. It has been shown2that
this procedure subjects the solid to bombardment with 20
Kev. electrons and ions of undetermined energy. After
the bombardment the liquid N2 was removed from the
cold finger, allowing the solid to warm up. During this
warmup simultaneous mass spectrometer and temperature
measurements were made. The temperature was measured
by athermocouple soldered on to the glass cold finger at the
deposition surface with a spot of glass-to-metal “ Cerroseal-
35” solder. A CEO model 620 mass spectrometer was used
to analyze the gases evolved from the solid during the
warmup.

(1) H. A. Papazian, J. Chem. Phys., 32, 456 (1960).
(2) H. A. Papazian, ibid, 29, 448 (1958).

By adjusting the pumping speed of the system the pres-
sure pulses that occurred during warmup could be dis-
criminated into definite peaks. The pumping speed was
controlled by means of a capillary placed between the reaction
cold finger and the stopcock leading to the vacuum pump.
The inlet to the mass spectrometer was placed between the
capillary and the reaction cold finger.

A universal model Perkin-Elmer 112U spectrophotometer
was used to study the spectrum of the solid between 3300

and 6300 A. The sample was deposited on a specially
constructed cold finger which consisted of a small flat plate
whose edges were in contact with a surrounding volume
of liquid N 2; the nitrogen was thus excluded from the light
path. After deposition of the hydrazine the absorption
was measured. The sample then was bombarded and the
difference in absorption caused by the bombardment was
measured.

Results

The final products found after warmup of the
bombarded solid hydrazine were H2 N2and NH3
Figures 1, 2 and 3 show the stepwise evolution of
these gases during the warmup of the solid, for
three different bombardment times.

In these figures ~he ordinates are proportional to
the quantity of gas evolved. Some comparison can
be made between the N2and H2since these are
pumped out of the system at roughly the same rate
but no comparison can be made with NH3since it
was found to be pumped much more slowly. In
Fig. 1 we also show the temperature vs. time warm-
up curve of the cold finger during the course of gas
evolution. A warmup blank also was run with un-
bombarded hydrazine on the cold finger. The two
curves were experimentally identical. It is appar-
ent that the pressure pulses are not rate changes
from sudden temperature rises of the cold finger, but
that the gas evolution pulses result from stepwise
reactions beginning at different temperatures.

Figure 1 shows the evolution of H2during warm-
up from a solid which was bombarded for two
seconds. Considerable structure is quite evident.
We did not investigate N2nor NH3evolution for
two second bombardment times.

Figure 2 shows the evolution of H2 N2and NH3
each from separate samples. Different samples had
to be used because the mass spectrometer could
analyze continuously only one gas at a time. This,
however, was no problem because of the excellent
reproducibility in the gas evolution from the solid.
It should be noted that even though the bombarding
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Fig. 1.— Solid line, H2 evolution from solid H4N 2 which
was bombarded for 2 seconds; broken line, time us. tempera-
ture warmup of cold finger.

Fig. 2.— Gas evolution from solid H 4N 2which was bombarded
for 10 seconds.

Fig. 3.— Gas evolution from solid H4N 2which was bombarded
for 30 seconds.

time was increased only 5 times, i.e., to 10 seconds,
the H2evolution increases by a factor of 100. The
structure of the H2 evolution between —60 and
—40° is still clearly present. However, at the
lower temperature, i.e., below —70° a new strong
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evolution appears at —95°, and the reaction at
—80° has disappeared.

The N2 evolution appears to be more complex
than the H2 In the region between —60 and —40°
there are four pulses of N2 compared to only two
for H2 Between —170 and —70° the N2is again
more complex. It should be noted that the NHS
peaks do not appear at the same temperatures as
the N2and H2peaks.

Figure 3 shows the evolution of H2 N2and NH3
each from separate samples. Each sample was
bombarded for a total of 30 seconds in three 10-
second bursts with 10-second intervals between
bursts. Here we find that for a threefold increase in
bombarding time we get an increase in gas evolu-
tion by a factor of about eight.

It was observed that NH3would not sublime off
of our cold finger below —120° so that it cannot be
known with certainty whether or not NH 3is formed
in the reactions occurring below this temperature.
Hydrazine began subliming above —20°.

In order to gain some insight into the stepwise
reactions, a different kind of experiment was car-
ried out. The reactions occurring during warmup
were stopped by reintroducing liquid N2 into the
reaction cold finger. If the reaction was stopped
at the end of any step, then the next step would not
appear until the cold finger was warmed to the
temperature of that subsequent step. At the top of
Fig. 2 and 3 are given the N2H 2ratios formed over
the indicated temperature ranges. These ratios
were obtained by allowing a reaction step to pro-
ceed, introducing liquid N2 into the cold finger
when the slope of the gas evolution curve indicated
the end of the reaction, and then measuring the
relative concentrations of H2 and N2 With our
experimental technique we could not determine
the NH3N 2 ratios; the NH3 condensed when
liguid N2 was introduced to stop the reaction.
From the N2H 2ratios it is obvious that the chem-
istry in the different regions studied varies con-
siderably. These ratios cannot be used for the
stoichiometry (nor can they be compared closely to
the gas evolution traces from the mass spectrom-
eter) because the apparatus is continually pump-
ing up to the time of addition of liquid N2and clos-
ing of stopcock.

The over-all N2ZH 2 and NH3N 2 ratios were
determined by bombarding the solid, closing the
stopcock to the pump and letting the solid warm up
completely. For the 30-second bombardment a
series of five experiments were done; the N2H2
ratio varied from 1.7 to 2.3 with an average of 2.0,
and the NH3N 2 ratio varied from 2.9 to 3.6 with
an average of 3.3. Two experiments were done at
10-second bombardment times; the N2H 2 ratios
were 2.7 and 3.0 with an average of 2.9 and the
NH3N 2ratios were 4.2 and 4.4 with an average of
4.3. For the 10-second experiments we measured
the total conversion and found approximately 23
and 22% decomposition of hydrazine. We did not
measure the total decomposition for the 30-second
bombardment but would expect it to be even larger.

We also studied the absorption spectrum of a
bombarded sample of solid HAN2 The solid line
in Fig. 4 shows the difference in absorption between
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a bombarded and an unbombarded sample. The
spectrum labeled “slight warmup” was obtained by
removing liquid N2 from the absorption cell until
gas evolution just began, then quickly stopping-
reaction by reintroducing liquid N2 into the cell.
The temperature to which the solid was warmed
was not measured but from the gas evolution studies
we estimate it to be about —155°.

At no time did the bombarded solid become per-
manently colored, even for the longest bombarding-
times. It did appear to turn slightly blue for an
instant but this color could not be stabilized. In
an attempt to stabilize the color the solid was
bombarded using liquid He as the coolant but no
color could be seen. This complete absence of
color may have been the inhibition of a reaction by
the low temperature.

Discussion

The simultaneous evolution of several substances
indicates the complexity in the decomposition
process. The N2H 2 ratios obtained over the
various regions show clearly that different reactions
occur during the warmup of the solid. That some
chain mechanism is involved is indicated by the
comparison of bombarding times with the amount
of gas evolved.

One speculation which may not be out of order
concerns the region in Fig. 3 where the N2H 2 >
1000, with NH3 also being evolved. This may be
the decomposition of triazene, H2—N—N =N — H->-
NH3+ N2 In Fig. 4 we find an absorption band
at 3600 A. which in ref. 1 we assigned to triazene.
In the earlier paper we suggested that the reaction
of triazene with HN3takes place at —90°. It may
be that in the absence of a suitable reactant triazene
is stable to the higher temperature.

Foner and Hudson3 trapped the products of
hydrazine from an electrodeless discharge. From
their cold trap they found the evolution of small
quantities of compounds with masses 45 and 60
which they attributed to triazene and tetrazene,
respectively. Our inability to find these compounds
in the mass spectrometer probably results from their
complete decomposition either on the glass walls or
in the gas phase. The long distance through glass
tubing, at room temperature, that they would have

(3) S. N. Foner and R. L. Hudson, J. Chem. Pkys., 29, 442 (1958).
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Fig. 4.— Absorption spectrum of a bombarded sample of
H 4N 2 before and after some reaction.

had to travel in our apparatus makes this conclusion
reasonable.

NH2 was not stabilized under the conditions of
this study. Robinson and McCarty4have studied
the absorption spectrum of NH2radicals trapped at
low temperatures. Among others, they find two
strong absorptions at 5150 and 5684 A. Figure
4 shows that no NH2was stabilized before or after
some reaction.

Rice has tabulated5the reaction temperatures of
free radicals stabilized in solids at low temperatures
which he has studied in the laboratory and lists
these between —125 and —195°. Atomic species
have only been stabilized at liquid He tempera-
tures.6 Thus, although it may not be ruled out
with certainty, it is unlikely that any of the reac-
tions occurring above —120° are reactions of
stabilized free radicals. We must, therefore, as-
sume that the reactions occurring at the higher
temperatures are reactions of product molecules
with the HAN2matrix and/or the decomposition of
these product molecules.

Acknowledgment.—The author wishes to thank
Mr. John Pearl for his help in carrying out these ex-
periments.

(4) G. W. Robinson and M. McCarty, ibid., 30, 999 (1959).

(5) F. O. Rice, ibid., 24, 1259 (1956).
(6) H. P. Broida and J. R. Pellam, Phys. Rev., 95, 845 (1954).
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HETEROPOLY COMPOUNDS. VI.1 FURTHER STUDIES ON BASICITIES
OF SOME HETEROPOLY ACIDS2

By J. R. Keller,3E. Matijevic and M. Kerker

Clarkson College of Technology, Potsdam, N. Y.
Received May 2, 1960

Using a spectrophotometric technique described previously4and the indicators, brom crespi green, methyl red and brom
cresol purple, respectively, the basicities of these several heteropoly acids were determined in highly diluted aqueous_ solu-

tions:
acids.
HiPWizO« and H8CeMo0i2042.
respectively).

6-molybdochromic(lll), 12-tungstosilicic,

9-tungstophosphoric,
The basicities are in agreement with these several formulations of these acids:

12-tungstophosphoric and 12-molybdoceric(lV)
HaCrMoeOa, H4SiWuO«, HePsWigOas,

The latter two acids become fully ionized only at very low concentrations (6 and 4 X 10~6 M,
It was also shown that the 12-tungstophosphate ion absorbs differently from the undissociated acid in the

ultraviolet, so that it actually behaves as an acid-base indicator.

Introduction

In an earlier paper4we have presented data on the
basicities of several heteropoly acids using a spec-
trophotometric method based on the ionization of
methyl orange under the influence of added acids.
The concentration range for which the acids may
be investigated depends on the pK of the indicator
employed. Using methyl orange we could estab-
lish that the 6-molybdocobaltic(I1l) and 6-molyb-
dochromic(l11) acids are tribasie, that 12-tungsto-
silicic acid is tetrabasic and that 9-tungstophos-
phoric acid is hexabasic. However, the 12-molyb-
doceric(lV) and 12-tungstophosphoric acids showed
a steady increase in basicity (number of hydrogen
ions in solution per mole of acid) with dilution,
indicating that these acids were not fully ionized
in the concentration range studied (~1 X 10-3 to
2 X 10_6M). According to the accepted molecular
formula, 12-molybdoceric(lV) acid, H8&eMoiD42,
should be octabasic. The problem of the basicity
of the 12-tungstophosphoric acid has been discussed
in previous papers46where we have shown that in
solution the tribasie formulation must be abandoned
and a higher basic formulation such as hepta-
basic acid, HPW 12042 must be utilized. Since X-
ray analysis has indicated the PWi240-3 ion in the
crystal, we assume that HPW 102 and the ionic
species obtained by its dissociation are formed in
solution by hydrolysis of the tribasie species. The
question then arises as to whether additional
waters may be added giving anions containing 43
oxygens, etc., in which case the experimentally ob-
served basicity might be expected to increase
beyond 7 upon continued dilution. The same
argument could be applied to the 12-molybdoceric-
(1V) acid.

In order to work at lower concentrations, indi-
cators having a pK higher than that of methyl
orange had to be used. Accordingly, we have
determined the basicities in the lower concentra-
tion range of the 12-molybdoceric(lV) and 12-
tungstophosphoric acids using brom cresol green,
methyl red and brom cresol purple as indicators.
We have also determined the basicity of 9-tungsto-

(1) K. F. Schulz, E. Matijevii and M. Kerker, J. Chem. Eng. Data,
in press.

(2) Supported by the U. S. Atomic Energy Commission Contract
No. AT(30-1)-1801.

(3) Participant in the N.S.F. Summer Research Project, 1959.

(4) E. Matijevid and M. Kerker, J. Am. Chem. Soc., 81, 5560
(1959).

(5) E. Matijevié and M. Kerker, This Journal, 62, 1271 (1958).

phosphoric acid, 12-tungstosilicic acid and 6-
molybdochromic acid with these indicators in order
to test the stability of their ions to hydrolysis of
the type discussed and also to provide a check
on technique.

In addition, we have found that the optical den-
sity of 12-tungstophosphoric acid solutions is
strongly pH dependent in the near ultraviolet.
Thus, this acid behaves as an acid-base indicator.
The pH dependence of the 12-tungstophosphoric
acid is also important from the analytical point of
view, since spectrophotometric measurements are
often utilized for determining the concentration of
heteropoly compounds. These data may be mis-
interpreted in the case of the 12-tungstophosphoric
acid if the pH factor is not taken into account.

Experimental

1. Materials.— 12-Tungstophosphoric acid, 9-tungsto-
phosphoric acid, 12-tungstosilicic acid, 12-molybdoceric(1V)
acid and 6-molybdochromic(lll) acid were prepared and puri-
fied as described earlier.4-41 Solutions were prepared by
direct weighing and dissolution in doubly distilled water.

2. Basicity Measurements.— Basicity determinations
were made utilizing, in principle, the same method as
described in detail in our previous paper.4 Essentially, it
is based on measuring the optical density of an indicator in
the presence of various concentrations of the heteropoly
acid. If the concentrations of the heteropoly acid are
chosen to give a pH within the critical range for a specific
indicator, the optical density varies in a very sensitive way
with the hydrogen ion activity. In our previous work we
have used methyl orange for which we obtained a calibration
curve over a convenient range of HC1 for the dependence of
the indicator ratio, R, upon [H+]> where R = [A-]/[HA],
[A-] and [HA] being the equilibrium concentrations of the
basic and the acid forms of the indicator. R can be cal-
culated from optical densities if the optical density of the
acid and the basic forms of the indicator are known.47
In addition we have explored the effect of the ionic strength
upon the indicator equilibrium and found that below p —
0.001 M ihe presence of neutral electrolytes does not affect
the equilibrium. Utilizing these data we were able to deter-
mine basicities of heteropoly acids by comparing R for a
given concentration of a heteropoly acid with the calibration
curve.

In the present work, we were interested primarily in ob-
taining the basicities at very low concentrations of heteropoly
acids, hence experiments with brom cresol green (pH interval
3.8-5.4), methyl red (4.4-6.2), and brom cresol purple
(5.2-6.8) were performed. In the concentration range of
beteropoly acids used in these experiments (3 X 10-5 to
1 X 10-6 M), the ionic strength effect is negligible. We
have also compared the effects of various inorganic electro-

(6) E. Matijevic and M. Kerker, J. Am. Chem. Soc., 81, 1307
(1959).

(7) 1. M. Klotz, Thesis, The University of Chicago, 1940; see also
R .A. Robinson and R. H. Stokes, “Electrolyte Solutions,” Butter-
worth Sei. Publ., London, 1955.
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Ilytes and salts of heteropoly acids upon the absorption of
methyl orange. Below m~ 0.002 they all behaved identi-
cally, indicating that there was no specific interaction be-
tween the indicator and the heteropoly anion in the working
range. Since the results obtained with indicators used in
this paper overlap nicely with those found with methyl
orange no specific interaction with the former was assumed.

However, a number of experimental difficulties had to be
overcome in order to eliminate the influence of C02on the
ionization of the indicator. We modified the experimental
procedure because the reproducibility of the results obtained
using a calibration curve was quite poor at the lowest con-
centrations. In the experiments reported here, we always
compared the optical density of a solution containing a cer-
tain amount of a heteropoly acid and a constant amount of
the indicator with that of a number of solutions containing
exactly the same amount of indicator but varying amounts
of HC1. The concentrations of HC1 were chosen so that the
solutions had optical densities very close to that of the heter-
opoly acid solution. When the optical density of solutions
containing the heteropoly acid and HC1 were exactly the
same, the basicity of the heteropoly acid was obtained by
direct comparison of molarities of both solutions. When the
optical density was slightly different the basicity was cal-
culated from the corresponding R values.

Optical density measurements were determined using the
Beckman Model DU spectrophotometer which was equipped
with a thermostat jacket in the cell compartment through
which was circulated water from a 25° constant temperature

bath. Calibrated 1 cm. Corex cells were used in all experi-
ments. The working wave lengths for the different indica-
tors were: brom cresol green 450 and 620 m/i, methyl
red 520 nut, and brom cresol purple 430 and 590 m~. These

wave lengths gave the largest differences in optical ab-
sorption between the acid and the basic forms of the indi-
cator. All solutions in one experiment were prepared using
the same batch of distilled water. Before taking readings,
dry helium or nitrogen was bubbled through solutions for 10
minutes. This bubbling time was found sufficient to elim-
inate the effects of dissolved C02 and to obtain reproduci-
ble readings of optical densities. Each measurement was
repeated several times using at least two different cells and
only results with good internal agreement were used. When
two wave lengths were utilized the same procedure was re-
peated with each.

All solutions were prepared by successive dilution of con-
concentrated stock solution using the water from the same
batch.

The concentration of all indicators was the same (1.875 X
10-6 M) and kept constant throughout the experiments.
The concentration was chosen to give optimal optical density
readings. The effect of the ionization of indicator is com-
pensated in the technique employed, since both the hetero-
poly acid and hydrochloric acid solutions contained the same
amount of indicator at very nearly equal activities of hydro-
gen ions.

All pH measurements have been done using glass elec-
trodes and Model G Beckman pH meter.

Results and Discussion

1. Basicity—In Fig. 1, the basicities of 6-
molybdochromic(l11) acid, 12-tungstosilicic acid,
9-tungstophosphoric acid, 12-tungstophosphoric
acid and 12-molybdoceric acid are plotted against
the molar concentration of the heteropoly acid.
These data represent a combination of our earlier
results4obtained using methyl orange at concentra-
tions of heteropoly acids higher than 2 X 10-6 M
and the new data using brom cresol green, methyl
red and brom cresol purple for acids in concen-
tration range: 3 X 10-5to 1 X 10~6M. The 6-
molybdochromic acid, 12-tungstosilicic acid and 9-
tungstophosphoric acid maintained the same basici-
ties of 3, 4 and 6, respectively, at the lower con-
centrations indicating that all three acids were fully
ionized in the higher concentration range and that
no decomposition or hydrolysis takes place upon
dilution.

Further Studies on Basicity of Heteropoly Acids
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LOG. MOLAR CONO. OF HETEROPOLY ACID.

Fig. 1.— Basicities of 6-molybdochromic(lll,” acid, 12-
tungstosilicic acid, 9-tungstophosphoric acid, 12-tungsto-
phosphoric acid and 12-molybdoceric(l1V) acid plotted
against concentration of investigated solution. Indicators

employed: methyl orange (M O), methyl red (MR), brom

cresol green (BCG) and brom cresol purple (BCP).

Fig. 2.— Molar extinction coefficients of 12-tungstophos-
phoric acid in its acid and basic form for the wave length
range from 300 to 365 mu.
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In the higher concentration range previously
investigated with methyl orange, the 12-tungsto-
phosphoric acid and the 12-molybdoceric acid
showed a definite trend toward increasing basicity
with dilution. However, the basicities corre-
sponding to structural formulas HPWI0D4£ and
H8CeMoi2042 were not reached. By extending the
measurements to lower concentrations of these
acids with the aid of the indicators of higher pK,
the basicity values now show further increase until
they eventually level off at 7 for the 12-tungstophos-
phoric acid and 8 for the molybdoceric(l1V) acid.
Thus, it appears that both of these acids can be
obtained fully ionized as free hepta- and octa-
valent heteropoly ions in these very dilute solutions.
In addition, these results further confirm the above
formulations for these acids in aqueous solution.
The data for 12-tungstophosphoric and 12-molybdo-
ceric(1V) acids at the lowest concentrations sug-
gest that the last stage of the ionization occurs step-
wise. In Fig. 1, we have delineated this by the
dashed line, the full line being drawn smoothly
through all the data.

2. 12-Tungstophosphoric Acid as an Acid -Base

Indicator.—In the preparation of the sodium salt
of 12-tungstophosphoric acid by ion exchange, we
found that although the pH increase upon passage
through the column was comparable to that ob-
tained for the 9-tungstophosphoric and 12-tungsto-
silicic acids, the optical density in the ultraviolet
of the steady-state effluent was only a small frac-
tion of that of the free acid. Similar effects were
obtained when we attempted to prepare the am-
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monium and silver salts of the free acid by the same
method. However, we found that if dilute nitric
acid was added so that the pH of the free 12-
tungstophosphoric acid was restored, the optical
density returned to a value nearly equal to that for
the free acid. This indicates that the ionized
form of the acid absorbs differently from the un-
ionized form so that 12-tungstophosphoric acid be-
haves as an acid-base indicator in the ultraviolet.

We obtained the molar extinction coefficient of
the acid form of the 12-tungstophosphoric acid
from the limit of the optical density of the acid
in the presence of increasing concentration of nitric
acid. The limiting value was determined from a
plot of optical density against the reciprocal of the
nitric acid concentration, the optical density of the
nitric acid itself being taken into consideration at
the highest concentrations. The results are given
in Fig. 2

At very high dilutions, solutions of the sodium
salt followed Beer’s law, indicating that the anion
was completely dissociated so that in this case the
optical density was used directly to obtain the
absorption index of the basic form of the indicator.
These results are also given in Fig. 2.

If 12-tungstophosphoric acid were monobasic,
the optical density could now be used to calculate
the degree of ionization. However, since 12-tungsto-
phosphoric acid is polybasic this problem is com-
plicated by the existence of the various inter-
mediate species between the fully associated and
fully ionized acid.

IRRADIATED POLYVINYL CHLORIDE

By Billy R. Loy

Physical Research Laboratory, The Dow Chemical Company, Midland, Michigan
Received May 14, 1960

The formation and decay of the peroxy radical produced in irradiated poly-(vinyl chloride) is studied by electron spin

resonance (e.s.r.) spectroscopy over atemperature range from —78 to +45°.

making use of the difference in reaction rates.

The two reactions are studied independently

The exponential formation reaction is thought to be diffusion controlled.

The apparent first-order decay reaction is interpreted as an autooxidation process which gives mobility to the unpaired

electron.

Introduction

The effect of air on irradiated poly-(vinyl chlo-
ride) has been noted by other workers. Millerl
has shown by electron spin resonance (e.s.r.) meas-
urements that there is a much more rapid loss of
radicals in irradiated PVC that has been exposed
to air than similarly treated samples in vacuo.
Chapiro2 and Millerlboth report a lack of colora-
tion of the material when it is exposed to air, pre-
sumably through the formation of a peroxy radical.

The e.s.r. spectrum of the peroxy radical is par-
ticularly well-suited for study (by e.s.r.). Abraham
and Whiffen3 studied the formation and decay of
peroxy radicals in polyethylene and polychloro-

(1) A. A. Miller, This Jouenal, 63, 1755 (1959).

(2) A. Chapiro, J. chim. phys., 53, 895 (1956).

(3) R.J.Abraham and D. H. Whiffen, Trans. Faraday Soc., 54, 1298
(1958).

trifluoroethylene. They suggest that decay occurs
via reversible and irreversible processes.

As a result of studying the formation and decay
over a temperature range from —78 to +45°, this
article proposes that the peroxy radical sites ef-
fectively acquire motion through an autooxidation
reaction. In this work, the samples were ir-
radiated with y-rays at liquid nitrogen tempera-
ture. The action of oxygen on the irradiated
samples was observed, in situ, by e.s.r.

Experimental

Material.— The polyvinyl chloride (PVC) used in these
experiments was manufactured by The Dow Chemical
Company and is designated PVC-111-4, Lot 11727, Blend 2.
The average particle size is about 140 N, but the surface area
as determined by the BET method is 1.24 m.2/g. There-
fore, the particles must be regarded as extremely porous.
No plasticizers, inhibitors or other additives were used in
the manufacture of this material.
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Fig. 1.— Repeated displays showing the conversion of the alkyl radical to the peroxy form at —78° in air.

Action of Oxygen on lIrradiated Polyvinyl Chloride
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Spectra taken

at 0, 29, 100, 213, 435, 774, 1446, 3126 and 8080 seconds, respectively.

QYNV-3317, a product of Bakelite Division, Union Car-
bide Chemical Company, was used in one experiment to
determine the relationship of particle size to reaction rate.
The surface area of this material is 6.13 m.2/g. It isreported
to be in the form of hard spheres with an average diameter
of 0.2145 |t

Resonance Detection Equipment.— The e.s.r. spectrom-
eter employed was of the conventional 3 cm. type using a
reflection type cavity in a slowly varying magnetic field,
modulated at a frequency of 700 c.p.s. The spectrum is
presented in the form of the first derivative of the absorption
signal.

The low temperature cavity consists of two rectangular
tanks, made of five mil brass shim stock, which encompass
portions of brass wave guide on both sides of the reflection
type cavity. A fifty watt Chromalox heater is secured in
one end of a piece of copper tubing long enough to keep the
heater out of the field. The other end is flattened out and
fastened between the two wave guide flanges. Depending
upon the temperature range desired, one or both tanks are
filled with refrigerant, and varying amounts of heat may be
supplied to the system by means of a Variac which supplies
power to the heater.

Procedure Irradiation of Samples.— Prior to irradiation,
the samples were placed in 6 mm. o.d. Pyrex tubes, flushed
three times with nitrogen and evacuated to 10~3 mm.
While immersed in liquid nitrogen the samples were irradi-
ated with cobalt-60 at a dose rate of 0.425 Mrad.per hour to
a total dose of 8.0 Mrad. After irradiation, the end of the
tube containing the sample was immersed in liquid nitrogen
and the other end was heated nearly to the annealing tem-
perature to eliminate the paramagnetic centers in the glass.
After cooling the entire tube to —195°, the sample was
transferred to the clear end. The samples were stored in
liquid nitrogen for 1-10 days until e.s.r. measurements were
made.

The spectra were obtained by transferring the prepared
samples from liquid nitrogen to the cavity which was main-
tained at desired temperatures. After the sample had
reached thermal equilibrium,4 it was opened to air and a

4) B. R. Loy, unpublished work. When samples are similarly
treated in vacuo, it has been noted that the alkyl radical decays by
at least two different modes. The rate of the first decay was nearly
equal to the rate of attaining thermal equilibrium. The slower rate,
apparently associated with color formation and dependent upon tem-

series of spectra were recorded. The e.s.r. spectrum of the
peroxy radical is typified as an asymmetrical line with the
greatest slope on the high field side of the spectrum.

Results and Interpretation

The Formation of the Peroxy Radical.—Figure 1
shows a series of spectra taken after exposure to
air at —78°. The small disappearing shoulder on
the high field (right hand) side of the spectra is due
to the alkyl radical. The peroxy signal reached a
maximum amplitude, which was relatively stable,
after about 6000 seconds of air exposure.

The peak-to-peak amplitude of the peroxy spec-
trum may be considered as proportional to the
peroxy radical concentration if minor dipolar
broadening effects are ignored and a correction is
made for the contribution of the alkyl spectrum.
The relative concentration of the alkyl radical (R-)
reacting with oxygen is considered equal to the final
or maximum amplitude of the peroxy spectrum
(RO2 00) minus the amplitude (RC>2-)i at anytime,
t

(R- =

When plotted against time, the relative alkyl radi-
cal concentration seems to fit a logarithmic plot
best; although, there is an initial deviation from
a linear relationship. Figure 2 shows this rela-
tionship for various temperatures from 0 to —78°.
Investigating the effect of particle size, the rate of
disappearance of the alkyl radical at —78° from
irradiated QYNV-3317 is shown by the dashed
line in Fig. 2. The ratio of surface areas (about
4.9) is close to the ratio of the rate slopes (4.4).
Peroxy Radical Decay.—As the temperature is

RCu RON )

perature, has a half-life of several hundred hours at room tempera-
ture. After thermal equilibrium has been reached, the fast reaction is
complete and the slow reaction is negligible over the period of time
required for the formation of the peroxy radical.
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SECONDS.

Fig. 2.— Exponential decay of alkyl radical at various
temperatures. Dashed curve represents QYNV-3317; all
others are PVC-111-4.

Fig. 3.— Exponential decay of peroxy radical at various
temperatures, K'sare apparentrate constants and subscripts
refer to temperature (°C.).

increased the formation of the peroxy radical be-
comes so fast that it is not easily measured by
e.s.r. techniques. A series of spectra at 25° showed,
by disappearance of the alkyl shoulder, that the
formation of the peroxy radical was virtually com-
plete when the first spectrum was recorded after 24
seconds of air exposure. Subsequent spectra,
taken over a 45-minute period, showed the con-
tinuing decrease of the peroxy radical spectrum
with no observable change in line shape. The
logarithm of the signal amplitude was found to
vary linearly with time, indicating the exponen-
tial decay of the peroxy radical. Figure 3 shows
these plots at different temperatures. An Ar-
rhenius plot of the apparent rate constants yields
an activation energy of 12 kcal./mole.

Investigating the behavior of the peroxy radical
in vacuo, a sample was treated as above except that
it was evacuated after 210 seconds of air exposure.
After evacuation, a series of spectra, taken over a 45
minute period, showed the reverse of the reaction
noted in Fig. 1. The peroxy spectrum decreased
exponentially with time with the accompanying
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increase of the alkyl shoulder until the radical was
virtually all in the alkyl form.

Discussion

It was hoped that the data in Fig. 2 would indi-
cate whether the reaction was diffusion controlled
or pseudo first order. The exponential decay
would fit either case. The initial deviation from
linear behavior may possibly represent some open
penetration by 02 before a diffusion barrier is
reached. An Arrhenius plot of the slopes of the
curves in Fig. 2 indicates an activation energy of
6 kcal./mole. This seems too high for a reaction
between an alkyl radical and oxygen but is not un-
reasonable for diffusion activation energy. The
fact that the increase in rate of disappearance of
alkyl radical (Fig. 2) is proportional to the increase
in surface area indicates, to a first approximation,
that the observed reaction rate is diffusion con-
trolled.

The formation of the peroxy radical at room tem-
perature is too fast to be followed by e.s.r. tech-
niques but by extrapolation of the lower tempera-
ture data, the half-life of the alkyl radical at room
temperature is about 4 seconds. This great dif-
ference between the rates of formation and decay
make it possible to study one reaction independ-
ently of the other, and to relate these observations
to proposed mechanisms for the decay of alkyl
radicals through peroxy formation.

Abraham and Whiffen3describe the decay of the
peroxy radical as the result of a reversible

R- + 02— ~ RCV (1)
R0 2------ >R-+ 02 (2)
and irreversible process
ROj- + R' — > ROOR’ (3)
or
R. + r—- RR' 4)

Step 3 could possibly account for the initial devia-
tion in Fig. 2 but this could play only a minor role,
since virtually all of the radicals are in the peroxy
form during the major part of the decay period.
In keeping with this scheme, R = R' and step 2
would represent the rate controlling first-order
decay observed in Fig. 3b. If the activation en-
ergy of step 1 is assumed to be zero, the bond dis-
sociation energy, D (R-02. will be equal to the ac-
tivation energy of step 2. The observed activa-
tion energy of 12 kcal. probably is too low for the
dissociation energy of this bond.

It might be further argued that if (R02- + R-) or
(R- + R'-) are spatially in a position to react, the
combination of two peroxy radicals should be more
favorable in view of the observed relative rates of
(1) and (2) and the added length of the (-0-0 )
group.

In their studies of the effect of various gases on
irradiated PVC, Kuri, et al,,6 have proposed the
mechanism

r-+02—>ar02- mn
roz- + 02—>r=0 2

It is not clear what the other reaction products of
(2) should be but the method of pairing the un-

(5) Z. Kuri H. Ueda and S. Shida, J. Chem. Phys., 32, 371 (1960).
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paired spin is not apparent. If they were small
radicals, such as OH-, this scheme would give the
required mobility to the unpaired electron. These
more reactive mobile radicals would not be present
in sufficient quantity for e.s.r. detection. How-
ever, the fact that 1102- decays both in air and in
vacuo indicates that the rate-controlling step does
not require 02

Dr. W. G. Lloyd has suggested6 that the rate-
controlling step might be a pseudo first-order reac-
tion between the peroxy radical and the substrate
to form a hydroperoxide plus an alkyl radical. The
steps in the decay of the alkyl radical through per-
oxy formation would be

R- + 02— > ROTr (fast) (1)

k
R02-+ R'H — > ROOH + R'- (2)
R'- + 02— R'CV (fast) (3)
2R'- — >Enon-radical products (fast) (4)

Analogous reactions,7 in which R = R' = H,
indicate that the hydrogen abstraction reaction is
energetically more favorable than the decomposi-
tion of the peroxy radical.

This mechanism would picture the peroxy site
moving through the polymer by means of step 2 leav-
ing a trail of hydroperoxide groups until such radicals
came close enough to react. The experimental
data are consistent with the proposed mechanism:
(1) peroxy radical formation (steps 1 and 3) is
shown to be fast relative to its decay; (2) the per-
oxy radical reverts to an alkyl radical in the ab-
sence of air; (3) the observed activation energy is
within the range of values reported for hydrogen
abstraction mechanisms.8 It is also in harmony
with the observations of Lawton, et aZ.,9 who, in
their studies of the reaction of irradiated poly-
ethylene radicals with oxygen, found that the
ratio of the total amount of oxygen reacted to
polymer radicals was five to one. In an irradiated
polymer, most of the radical sites are expected to
exist as near neighbors rather than as randomly
distributed sites.1011 Therefore the hydroperoxide

(6) W. G. Lloyd, private communication.

(7) From P. Gray, Trans. Faraday Soc., 55, 408 (1959)
Enthalpy increase

kcal./mole.
HO™ —»H* + 02 47.2 +4
HO** + H2—*H202 + H* 147 + 4

The abstraction reaction in this case is energetically more favorable by
32.5 kcal./mole.

(8) E. W. R. Steacie, “Atomic and Free Radical Reaction,"” Rein-
hold Publ. Corp., New York, N. Y.

(9) E.J. Lawton, R. S. Powell and J. S. Balwit, J. Polymer Sci., 32,
285 (1958)
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radical ratio is not expected to be very large.
The autooxidation chain length for butadiene rub-
ber, for instance, is reported to be 8-10, while under
similar conditions the chain length for tetralin
(liquid) is about 4=00.12 If the radicals are more
randomly distributed as might be expected in the
case of an irradiated liquid, a larger ratio is ex-
pected.

If the proposed mechanism is correct, it can be
shown that the total peroxy as observed by e.s.r. is

RCV = ROs-e~kt E ~
,»=0 n-
where (n + 1) is the number of times steps 2 and 3
occur before step 4 terminates the autooxidative
chain. RO2 represents all of the peroxy radicals
except the one represented in step 4 and k is the
pseudo first-order rate constant of step 2.

If termination is restricted to isolated near-
neighbor radicals, the average n will be constant
over the reaction period. Since the distances be-
tween near neighbors is expected to be small, n*
will also be small so that a n approaches zero the
reaction appears first order in peroxy radical. A
comparison of the rates of peroxy radical decay in
air and in vacuo indicates an average chain length
of 1.5 per radical although simultaneous gas and
free radical measurements made in this Laboratory
indicate three molecules of oxygen are consumed
per peroxy radical.

Conclusion

It is concluded ffiat the rate of formation is dif-
fusion controlled. When the particle size is suf-
ficiently small, the rate of formation of peroxy radi-
cal is much faster than its decay. The experi-
mental results are consistent with an autooxida-
tive scheme in which the decay rate-controlling
step is the abstraction of hydrogen from the poly-
mer substrate to leave an alkyl radical. This
mobility allows the previously immobilized near-
neighbor radical sites to pair off unpaired elec-
trons.
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(10) A. A. Miller, E. J. Lawton and J. S. Balwit, ibid., 14, 503
(1954).

(11) B. R. Loy, ibid., 44, 341 (1960).

(12) L. G. Angert and A. S. Kuzminskii, ibid., 32, 1 (1958).
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The adsorption and desorption of water vapor by lithium and calcium kaolinite degassed at 33, 70, 100 and 205° was

studied.
became prevalent at the higher degassing temperatures.

Li-kaolinite degassed at 33 and 70° resulted in the reversible adsorption-desorption of water vapor.

Hysteresis

Reversible dehydroxylation was considered initiated at 205°.
Ca-kaolinite adsorbed more water and hysteresis was noted at all pretreatment levels.

Factors considered important in the

variability of water adsorption by Li- and Ca-kaolinite, in the degassing temperature range studied, are ionic hydration, par-

ticle coalescence and surface dehydroxylation.

Introduction

Previous studies have indicated that, following
the dehydration of a lithium-saturated kaolinite,
the adsorbed lithium ions have no apparent effect
on subsequent water adsorption.2 This property
has been attributed to the small ionic size of
lithium which permits the unhydrated ion to fit
into the surface structure thus becoming sterically
hindered from interaction with water vapor.
Recent investigations,3%however, have indicated
that this view may be oversimplified. Despite
the uncertain relation of the lithium ion with
kaolinite the attraction of this system as a reference
for adsorption studies increases the need for data
concerning the availability and stability of Li-
kaolinite with regard to the water molecule,
particularly in the monolayer region. This paper
presents the results of the effect of degassing tem-
perature on the adsorption and desorption of
water vapor by lithium kaolinite as compared with
a similarly treated calcium kaolinite.

Experimental Methods

The kaolinite was from Dry Branch, Georgia, and was
donated by the Georgia Kaohnite Company. X-Ray dif-
fraction analysis showed no visible montmorillonitie con-
tamination which would indicate a minimum purity of about
95%. The exchange capacity was determined as 1.5
meq./100 g. with regard to the lithium as well as the sodium
ion which further suggested a minimal, if any, contamination
by montmorillonite. The surface area was determined by -re
butane adsorption at 0.0° and was calculated as 15.0 m .2/g.
The kaolinite was saturated with lithium by washing with
normal lithium chloride at pH 6.8 until the leachate con-
tained only lithium ions and then washed free of chlorides
with 95% ethyl alcohol. A similar method was used for
calcium kaolinite, except the pH of the normal calcium
chloride was 6.1. The clay was air-dried, crushed, and the
0.5-1.0 mm. aggregate fraction retained. This material
represented the initial state of clay samples used in this
study.

The adsorption apparatus has been described previously6
except that the volume ratio of the manometer to the capil-
lary arm of the Pearson gauge has been modified to give a
pressure magnification of better than 50 times. The low
pressure equilibrium readings were obtained by the pre-
viously described compression method,6 whereby, after
equilibrium is reached between the sample and vapor, the

(1) Support of this work by a grant (NSF-G10228) from the Na-
tional Science Foundation is gratefully acknowledged.

(2) (a) A. G. Keenan, R. W. Mooney and L. A. Wood, T his Jour-
nal, 55, 1462 (1951); (b) R. T. Martin, “Clays and Clay Minerals,”
monograph #2, Pergamon Press, New York, N. Y., 1959, p. 259.

(3) G. H. Cashen, Faraday Soc. Trans., 55, 477 (1959).

(4) R. Greene-Kelley, This Journal, 59, 1151 (1955).

(5) F. A. Bettleheim, C. Sterling and D. H. Volman, J. Polymer
wei., 22, 303 (1956).

(6) J. J. Jurinak and D. H. Volman, Soil Sci., 88, 6 (1957).

stopcock to the adsorption chamber is closed and the equi-
librium vapor is compressed by filling the gas buret with
mercury. The resultant pressure is read and the initial
equilibrium pressure is calculated, using the ideal gas law.
The compression coupled with the Pearson gauge yielded a
magnification factor of better than 2000 to the equilibrium
pressure with little uncertainty. Pressure as low as 7.6 X
10“4+ 3.8 X 10-4 mm. could be read. Approximately 2-3
grams of clay were placed in the removable adsorption
chamber and the isotherms were determined volumetrically.
An agreement of 2-4% was obtained when calculations were
checked gravimetrically by periodic weighing of the adsorp-
tion chamber plus sample.

The degassing temperatures used in this study were 33,
70, 100 and 205 + 2° and were maintained by use of a port-
able furnace. The weight loss associated with each degass-
ing treatment was determined by removing the adsorption
chamber from the system and weighing. Duplicate samples
were reproducible within +0.3 mg. Both the water and
re-butane in this study were degassed thoroughly by re-
peated freezing and thawing under vacuum. Adsorption
and desorption were carried out at 29.45 + 0.05°.

Results

Figures 1 and 2 (curve A) show the adsorption
and desorption of water vapor by Li-kaolinite de-
gassed for 48 hours at 10-6 mm. pressure at the
designated temperatures. Pretreatment at 33
and 70° resulted in identical adsorption-desorp-
tion isotherms with no hysteresis noted at either
pretreatment level. As the degassing tempera-
ture was raised to 100°, the adsorption of water
decreased and hysteresis became prevalent. In-
creasing the temperature to 205° not only increased
the adsorption of water over the 100° treatment but
also changed the nature of the hysteresis curve.
The data shown at each temperature are a composite
of two or more independently run samples indicating
the reproducibility of the system. Figure 3 shows
the adsorption of water vapor by Ca-kaolinite
which had been degassed in a manner similar to
Li-kaolinite. Samples degassed at all four tem-
peratures produced hysteresis upon desorption.
The data are not shown. At all pretreatment
levels the adsorption of water by Ca-kaolinite was
greater than Li-kaolinite. The effect of degas-
sing temperature on n-butane adsorption is shown
in Fig. 4. The data are a composite of 4 ad-
sorption-desorption cycles by Li-kaolinite which
has been degassed at 33, 70, 100 and 205°. No
indication of pretreatment effect was noted. A
summary comparing the pretreatment effect on the
adsorption of water by Li- and Ca-kaolinite is
shown in Fig. 5. The primary mechanism con-
sidered responsible for the adsorption variability
is designated in its appropriate temperature range.
Table | gives the total volatile weight loss recorded
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Fig. 1.— Adsorption-desorption isotherms of water vapor at
29.45° by lithium kaolinite degassed at various temperatures.

Fig. 2.— Adsorption-desorption isotherm of water vapor
at 29.45° by lithium kaolinite degassed at 205° (curve A).
Curve B is the adsorption-desorption data of hydroxvlated
lithium kaolinite degassed at 100° as compared with the
corresponding system in Fig. 1 (dash line).

at each degassing temperature and the pH of a 1
to 5 clay-water suspension after 24 hours of equili-
bration.

Table [

Pretreatment E ffect on Sample Weight Loss and pH

Detgasswg Tlailigl’“\Llj\?j kaolinite TOC%Cl\b\J? kaolinite
° loss,” mg. pH loss,” no. pH
33 16.2 6.80 16.8 6.13

70 17.2 6.80 18.9 6.12
100 17.2 6.45 19.9 6.37
205 20.3 5.35 22.8 6.63

“ Based on 2-g. sample.
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Fig. 3.— Adsorption of water vapor at 29.45° by calcium
kaolinite degassed at various temperatures.

Fig. 4.— Composite adsorption-desorption
n-butano at 0.0°
100 and 205°.

isotherm of
by lithium kaolinite degassed at 33, 70,

Discussion
The data in this study are explained on the basis
of the difference in the relation of the adsorbed
cation with the surface, which in turn depends
largely on the relative ionic radii of the cation, i.e.,
0.60 and 0.99 A. for lithium and calcium, respec-
tively.7

(7) L. Pauling, “The Nature of the Chemical Bond,” Cornell Univ.
Press, Ithaca, N. Y., 1948, p. 346.



64 J. J. JURINAK

DEGASSING TEMPERATURES, °C.

Fig. 5.— Summary diagram comparing the effect of de
gassing temperature on the adsorption of water vapor by
lithium and calcium kaolinite at P = 4.60 mm. The fac-
tors considered important in the variability of water ad-
sorption with degassing temperature are designated in their
appropriate temperature range.

p The adsorption data for Li-kaolinite shown in
Fig. 1 indicate that even degassing at 33° has
dehydrated the lithium ion and allowed it to react
with the kaolinite in a manner which has no
effect on water adsorption. Subsequent degassing
at 70°, although some weight loss occurred, did
not alter the adsorption of water. This constant
adsorption capacity coupled with the complete
lack of hysteresis at both degassing temperatures
strongly suggest the absence of ionic hydration in
water adsorption in the pretreatment range of
33-70°. A contrast to these data was found in the
Ca-kaolinite system (Fig. 3) where semi-hydrated
calcium ion is considered to be adsorbed on the
surface and available to react with water vapor.
Although considerable water is removed during
degassing at 33° (Table 1), sufficient moisture is
still associated with the calcium ion to reduce its
adsorption capacity. The removal of additional
water, by degassing at 70°, induces increased ad-
sorption which is as expected if ion hydration
exists. The presence of hysteresis at both lower
degassing levels in the calcium system also supports
the view of ion hydration. The decrease in water
adsorption as shown by both lithium and calcium
systems when degassing occurs at 100° is ascribed
to particle coalescence. The appearance of hyster-
esis in the lithium system and the lack of sample
weight loss when the degassing temperature was
raised from 70 to 100° support this contention.
The smaller coalescence effect in the calcium system
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is explained either by competitive hydration of the
calcium ion as additional water is removed or to
the protrusion of the calcium ion on the surface
which hinders the union of individual clay plate-
lets. These results are in line with the data pre-
sented by Martin8which showed that prolonged ag-
ing of Li-kaolinite, under vacuum, resulted in par-
ticle coalescence and reduced water adsorption.
The substitution of Cs for Li as the exchangeable
ion produced only a slight coalescence.

A degassing temperature of 205° resulted in
greater water adsorption in both systems. The
increase in adsorption by Li-kaolinite coupled with
the hysteresis curve change (Fig. 2, curve A) and
weight loss of the sample suggested that the 205°
pretreatment initiated surface dehydroxylation
and the addition of water resulted in hydroxylation
of the surface. Evidence of this reaction and its
reversibility was obtained by taking the hydrox-
ylated sample of curve A, degassing it for 48 hours
at 100° then measuring an adsorption-desorption
cycle of water. The data are shown in Fig. 2,
curve B, and indicate the reversible nature of the
proposed reaction. The dash line is the adsorp-
tion-desorption curve taken from Fig. 1.

The question arose whether the surface vari-
ability as shown by water adsorption is reflected by
the adsorption of n-butane. Figure 4 shows the
inertness of n-butane adsorption to pretreatment
and indicates that the surface of Li-kaolinite avail-
able to the n-butane molecule (44 A.2 is unchanged
in the temperature range studied. The data of
Gregg and Stephens,9using oxygen as the adsorbate,
showed a decrease in the surface area of kaolinite
when the outgassing temperature was varied from
50 to 100°. The area remained constant until the
outgassing temperature reached 200° or greater,
then a continual downward trend in area was
noted. Nitrogen adsorption showed a more general
continual decrease in the low outgassmg tempera-
ture range. These data along with the results of
this study suggest that the postulated coalescence
of kaolinite manifests itself in the alteration of the
microstructure of the system and hence is sensitive
to the adsorbate’s dimensions.

Figure 5 summarizes the adsorption variability
of Li- and Ca-kaolinite as well as the mechanisms
involved as a function of degassing temperature.
The over-all greater water adsorption by Ca-
kaolinite is ascribed to ion hydration, since at
least in the dehydrated state the surface area of
kaolinite is independent of exchangeable cation.1
A further indication of the difference in which
lithium and calcium ion react with kaolinite is
shown by the suspension pH given in Table 1.
Although this pH variation has been previously
noted,3 the definite cause remains to be studied.

(8) R. T. Martin, "Clays and Clay Minerals,” Nat. Acad. Sci. Nat.

Res. Council Pub. 566, p. 23, 1958.
(9) S.J. Gregg and M. J. Stephens, J. Chern. Soc., 3951 (1953).
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THERMAL EXPANSION OF ROCK SALT1

By Thor Rubin, H. L. Johnston and Howard W. Altman

Cryogenic Laboratory of the Chemistry Department, The Ohio State University, Columbus 10, Ohio
Received June 3, 1960

Interferometric determinations of the expansion coefficient of synthetic rock salt were made from 20 to 300°K.
measurements for natural rock salt were made from 90 to 300°K.
Griineisen coefficients were computed as a function of temperatures using measured compressi-

at a variety of temperatures.

bilities and both measured heat capacities and those computed from Kellerman’s frequency spectrum.

Similar
Derivatives for the expansion coefficient were calculated

A correlation of

these Griineisen coefficients with those expected from a nearest neighbor cubic closest packed structure and for a sodium chlo-

ride type lattice has been made.

Introduction

The apparatus and experimental technique for
determination of expansion coefficients of synthetic
rock salt were the same as those described for
copper.2

The natural rock salt data were determined by a
relative method using natural quartz, as a fiduciary
material. Here a count of linear interference
lines passing a fiduciary mark were measured over a
temperature interval. Linear interpolation of the
apparent position of interference line at the final
temperature, and at the initial temperature was
made wherever the total number of fringes passing
a fiducial point was not integral.

The synthetic rock salt was obtained from the
Harshaw Chemical Company. Natural rock salt
was obtained from Cincinnati Chemical Company.
No chemical analyses were made. The samples of
each material were cut into pillars adjusted to the
same length by careful filing. These sets of pillars
served as separators between the interference plates.
At the completion of the measurements, the samples
contained a few cracks which were not present at
their preparation.

Results

The data for natural rock salt are shown in Table
I. For calculation of the absolute values of the
expansion coefficients, coefficients for quartz, de-
termined by Buffington and Latimer,3 were used.
Alpha is the expansion coefficient determined
graphically, Taw is the mean absolute temperature
and AT is the temperature interval of the measure-
ment. These measurements were based on the
temperatures read from a standardized thermo-
couple.

The absolute values for the expansion coefficients
of synthetic rock salt are given in Table Il. In
this table ri2 r22 are the squares of the apparent
fringe diameter at temperature equilibrium, meas-
ured with a filar micrometer eyepiece. The optical
constant is a measure of the change of the square of
the fringe diameter by an increase of one fringe
order, actual values of this quantity are shown in
the table, column 5. Smoothed values of this
quantity, marked O’, are shown in column 4, F is
the number of fringes passing a fiduciary mark
during the temperature change AT, a is the coeffi-

(1) This work was supported in part by the Air Material Com-
mand, Wright Field. Presented in part at the Colorimetric Confer-
ence, Chicago, Sept. 1959.

(2) T.Rubin, H. W. Altman and H. L. Johnston, 3. Am. Chem. Soc.,
76, 52 (1954).

(3) R. M. Buffington and W. Latimer, J. Am. Chem. Soc., 48, 2305
(1926).

cient of expansion, the last column gives the tem-
perature derivative of a. Mis the length of the
sample at 25°. T°X. average is the mean of the
initial and final temperature of a determination.

Tabte |

N atural Rock Salt

lo= 1.113 cm., loquartz = 1.099 cm.

First

divided
5 Quartz diff.

Ai X 10« AT corr. Tavg, °K. a X 105
2.417 10.99 2.1987 0.330 92.30 2.245
2.186 9.10 2.3970 .344 102.36 2.462
2.401 9.34 2.5703 .378 111.59 2.649
2.296 8.89 2.5827 377 111.35 2.659
3.973 14.36 2.7663 414 122.88 2.857
4.435 15.03 2.9510 .456 137.86 3.061
4.522 14.66 3.0854 495 152.42 3.217
4.499 14.59 3.0830 .496 152.69 3.215
4.595 14.46 3.1784 531 167.21 3.333
5.160 15.91 3.242g 567 182.40 3.423
7.021 21.74 3.2299 577 178.15 3.402
7.280 21.72 3.351g .608 199.95 3.558
7.358 21.64 3.4001 .650 218.38 3.639
7.120 20.60 3.4553 .699 239.51 3.732
6.939 19.79 3.5067 747 259.71 3.822
7.280 20.10 794 279.65 3.968

Measurements marked in Table Il were made
by using a standard thermocouple alone. The rest
of the results were obtained by using the standard
thermocouple in conjunction with a precise resist-
ance thermometer. The resistance thermometer-
temperature data were smoothed and tabulated at
equal temperature intervals above 30°K. These
data then were used to calculate the temperature
intervals, AT. The thermocouple was calibrated
in terms of the Ohio State University Cryogenic
Laboratory temperature scale.4 The runs marked
93 to 104 inclusive and 107 to 118 inclusive were
obtained in such a manner that the temperature-
length point of one run formed the beginning
length point of the next one. The remainder of
the data were separate points.

Since the interpolation of the fringe number re-
quires values of the parameter O be known,
smoothed values, O', were computed first in order
that the effects of random errors be minimized.
This was done in the following way: 0 is inversely
proportional to the product of the length of the
sample and the refractive index of the helium in the
cell. The index of refraction is that for a pressure
of 1.3 cm. of helium at room temperature. Since

(4) T. Rubin, H. L. Johnston and H. Altman, ibid., 73, 3401 (1951).
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Table Il
Synthetic Rock Salt, lo — 0.5570 cm.

Run AT T, avp., °K. Smcl)Jothed o n2 ™ F a X I IT X 18
93 13.215 84.342 28.3 28.1 24.651 37.515 5.4563 2.184 20.6
94 13.720 97.81 28.3 27.8 37.515 48.651 6.3935 2.455 211
95 14.414 111.88 28.25 28.1 48.651 33.062 7.4482 2.735 16.5
96 14.530 126.35 28.20 28.7 33.062 35.880 8.0999 2.949 13.4
98 16.212 141.72 28.20 28.3 35.880 25.150 9.6195 3.137 11.8
99 20.248 159.97 28.10 28.2 25.150 44.689 12.6953 3.315 7.3
100 20.082 180.12 28.10 27.7 44.689 47.886 13.1138 3.455 5.3
101 25.183 202.80 28.10 27.4 47.886 50.268 17.0848 3.588 6.2
102 29.746 230.21 28.0 27.6 50.268 49.491 20.9723 3.728 4.4
103 29.746 259.95 27.9 27.9 49.491 37.210 21.5598 3.838 0.7
104 29.841 289.73 27.9 27.9 37.210 48.650 22.4100 3.970 57
106 10.48 95.57 4.7757 2411

107 10.354 26.473++ 28.0 23.620 32.547 3.3154 0.156 20.9
108 9.512 36.41 28.30 28.2 32.547 25.908 0.7654 0.422 29.1
109 7.396 44.86 28.30 28.2 25.908 26.419 1.0181 0.728 43.5
110 8.364 52.74 28.30 28.5 26.419 45.495 1.6741 1.089 42.2
111 8.421 61.13 28.30 28.7 45.495 23.619 2.2270 1.398 36.0
112 8.440 69.56 28.30 28.3 23.619 44.422 2.7351 1.715 36.3
113 7.167 77.37 28.30 28.0 44.422 34.222 2.6396 1.949 24.9
114 12.271 74.83 28.30 28.3 19.448 29.921 4.3714 1.886

115 11.685 86.80 28.30 28.0 29.921 27.510 4.9139 2.226

49 8.48 19.84++ 28.4 6.864 9.120 0.0794 0.048

50 6.92 27.49++ 28.5 5.808 12.350 0.2295 0.176

43 9.69 29.05++ 27.6 11.760 22.180 0.3767 0.201

51 6.44 34.71++ 28.4 12.350 27.820 0.5447 0.375

the cell volume contains most of the gas, the refrac-

is almost equal to 1.0000. This is because the
amount of helium is so small that the refractive
index is essentially equal to the value for a vacuum.
Thus the optic constant varies with the inverse of
the sample length. Values of 0 were picked at
values of the reciprocal of the sample length cor-
responding to each mean temperature. These are
the O' values shown in the table.

Since most of these data may be regarded as
continuous sets of length (on an arbitrary scale)-
temperature measurements at unequal temperature
intervals—first and second temperature derivatives
of length were computed from them by the method
of divided differences.66 These derivatives were
computed at the mean temperature of each interval.
Division of the derivatives by lo yields the values
of a and ba/br previously mentioned. For a,
calculations of divided differences to the fourth
order were used. Calculation of ba/br required
divided differences up to the sixth order. Sodium
D radiation was used for all the interference meas-
urements.

Errors.—The absolute temperatures are accurate
to about 0.03°K. Temperature intervals meas-
ured by the thermocouple alone are precise to about
0.02°. Those intervals measured in terms of the
resistance thermometer are precise to a few thou-
sandths of a degree.

For the synthetic rock salt, the error in a length
measurement is 0.007 fringe order which is the error
in values of F.

(5) F. A. Willers, “Practical Analysis,’* translated by R. T. Beyer,
Dover Publications, Inc., 1947, p. 77.

(6) J. B. Scarbrough, “Numerical Mathematical Analyses,” Johns
Hopkins Press, Baltimore, Md., 1930, p. 115.

Buffington and Latimer3 have determined the
expansion coefficient of natural rock salt from about
120 to 300°K. The data reported here for natural
rock salt agree with theirs within 0.3%. The re-
sults from this research are always smaller in
magnitude. The expansion coefficients for natural
rock salt determined in this work are consistently
about 0.6% lower above 120°K. than the values of
synthetic rock salt. Below 120°K. the values for
natural rock salt are progressively lower, becoming
about 4% at 90°K. relative to the values for
synthetic rock salt.

1. Theory of Griineisen’s Relation and Com-
parison with Experiment.—The approximate pro-
portionality between thermal expansion and heat
capacity at constant volume (Griineisen’s relation)
is justified by others7on the basis of a simple model
which is described below. It is assumed that the
partition function for a solid may be obtained with
sufficient accuracy on the basis of a model in which
(i) the lattice vibrations are harmonic, and (ii) the
vibration frequency depends on the volume. Then
the derivative of the Helmholtz free energy with
respect to temperature gives a formula for the heat
capacity at constant volume

o= M

while the second derivative with respect to tem-
perature and volumes gives the ratio of the thermal
expansion coefficient (a) to the compressibility (8)

o v @

In these formulas, By = ("7i/fcT)2sinh2/i yj2kT),
Ti = —b hi wb In V, Vi is the frequency of the

(7) D. Bilz and H. Pullan, Physica, 21, 285 (1955).



Jan., 1961

0.03 0.23 0.43

TO@m
Fig.

ith normal mode of vibration, R is the gas constant,
V is the molar volume and the other symbols have
their usual meanings.

If we define a quantity 7 by the equation

E

1
i
then from (1) and (2) it follows that

E Bi -

f = Kec. (3)
and K = Ry/V.

If K were constant, this equation would be the
Griineisen relation. It has been found experimen-
tally that K is very nearly constant at room tem-
perature and higher8but decreases at low tempera-
tures.2 A theory of the variation of y with tem-
perature has been developed by Barron9and it is of
interest to compare this theory with experiment.
For this purpose it is necessary first to calculate y
from the experimental data.

The results of this work together with the heat
capacity results of Clausius, Goldman and PerlickD
and the compressibilities of Rose,11 Durand12 and
Galt13 is sufficient for this computation over the
temperature range from 20 to 300°K. The results
of this calculation above 40°K. are shown in Fig. 1
as the solid line with circled points. They are ex-

(8) E. Griineisen, “Handbuch der Physik,” Voi. 101, Springer, Berlin,
1920.

(9) T. H. K. Barron, Phil. Mag., [7] 46, 720 (1955).

(10) K. Clausius, J. Goldman and A. Perlick, Z. Naturforschung, 4a,
424 (1949).

(11) F. C. Rose, Phys. Rev., 49, 50 (1935).

(12) M. A. Durand, ibid., 50, 449 (1936).
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1.— Variation of the Gruneisen parameter with temperature.

pressed as the difference 7- 72897 The temperature
parameter, T/s, includes a value of 0 = 280°K.D
The value of R is taken as 82.054 cc. atm./mole, the
density of rock salt is the room temperature value
of 2.165 g./cc.

For comparison, heat capacities were calculated
by graphical integration using Kellerman’s fre-
quency distribution and using Einstein functions.¥4
The difference 7-7207 obtained from these also are
shown in Fig. 1. (Dotted line with crossed points.)
Most of the scatter results from uncertainties in the
compressibilities.

The function 7 has been expressed as a power
series in T~l by Barron91¥6 on the basis of two
approximate models. In the first model, the fre-
quency distribution is assumed given with sufficient
accuracy by considering only the interaction between
nearest neighbors in a cubic crystal whose atoms are
all of equal mass. In the second model, an inter-
ionic potential for NaCl, consisting of a coulomb
term and an inverse 8th power repulsion was
assumed but the positive and negative ions were
taken to have equal masses. For the first (nearest
neighbor) model Barron found expression (4) for
7 — 1 o where s « is the high temperature limit.
0.027a”1 + 0.013a+8

*
where < = hvnmax/2ickT where virex is the maximum
lattice vibration frequency. This constitutes the
first four terms of an infinite series which converges
for a < 1 and may converge for larger values of a

(13) J. K. Galt, Phys. Rev., 73, 1460 (1948).

(14) "Contributions to the Thermodynamic Functions by a Planck—
Einstein Oscillator in One Degree of Freedom,” H. L. Johnston, L.

Savedoff and Jack Beltzer.
(15) T. H. K. Barron, Ann. Physik, 1, 77 (1957).

Yy — Yco — —0.177a+2 + 0.035a+4 -
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Fig. 2.— Comparison of theoretical and
Griineisen parameters: 1, nearest neighbor
sodium chloride model.

experimental
model; 2,

It has been pointed out recently by Marruddin,
Weiss and Sackl that the expansion of Cv in a
similar series which converges for large values of §
can be made by an application of Euler's trans-
formation.I7 In view of this result, Euler’s trans-
formation has been applied to the series of equation
4 giving the series

7 - 7=° = —2/(0.177 + 0.107Yy + 0.069z/2+ 0.04513 (5)

where y = o2(l + &2. This new variable is a
convenient one. It is employed in the subsequent
discussion of the data.

(16) A. A. Marruddin, G. H. Weiss and R. Sade, Bull. Am. Phys.
Soc. in Detroit, 1960.

(17) Bromwich, "Theory of Infinite Series,” The Macmillan Co.,
New York, N. Y., 1947, pp. 62, 2nd ed.
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The second model used by Barron also leads to a
series expansion similar to (5) but contains fewer
terms since fewer moments were evaluated. This
series is

7 - 7» = -0.62j2 ®)
There is a notable difference (6) and (8) in that the
term linear in y is missing from equation 6. This
arises because two of the moment -coefficients,
y(2), 76 were taken by Barron to be equal and
this makes the term in y vanish, vy is computed
from a by means of the relation given below.T7

A comparison between (5) and (6) with thelr
experimental data, is shown in Fig. 2 (curves 1 and
2, respectively). The variation in 7 — 7 « predicted
by either model is smaller than that observed
experimentally. However, the maximum values of
7-70 for the nearest neighbor model has been
greatly exceeded by the experimental values. This
discrepancy cannot be remedied by considering
the effects of more neighbors or by adjusting the
values of the parameterslBwithin reasonable limits.

The NaCl type model seems to be the more pro-
mising one since the curvature of the theoretical
curve qualitatively appears to be about correct.

It would seem worthwhile to compute some of the
higher moments for the NaCl structure so that a
more reliable value of the high temperature limit,
7«, could be estimated as well as furnishing more
terms for the series.71319D

It is a pleasure to acknowledge the help and en-
couragement offered by E. N. Lassettre of this de-
partment.

(18) G. Liebfried and W. Brendig, Z. Physik, 134, 451 (1953).
(19) E. W. Kellerman, Phil. Trans., A23S, 613 (1940).
(20) E. W. Kellerman, Proc. Roy. Soc. (London), 178A, 17 (1941).

HIGH TEMPERATURE ADSORPTION STUDIES ON 13X MOLECULAR SIEVE
AND OTHER POROUS SOLIDS BY PULSE FLOW TECHNIQUES1

By P. E. Eberly, Jr.

Esso Research Laboratories, Esso Standard, Division of Humble Oil & Refining Co., Baton Rouge, Louisiana
Received June 9, 1960

The adsorptive properties of solids at high temperatures are conveniently studied by allowing a pulse of adsorbate to be
transported through a packed column of adsorbent by an inert carrier gas stream. The concentration of adsorbate in the
effluent stream is continuously measured by a sensitive thermal conductivity cell. Modifications of such a technique per-
mit the detection of an adsorption process and enable one to determine its degree of reversibility. In addition, heats of ad-
sorption can be determined by measuring the pulse retention times at a series of temperatures. This flow method is particu-
larly useful for studying adsorption at high temperature conditions where static methods cannot be used because of the long
contact times involved which lead to decomposition of the adsorbates. In this manner, it has been found that materials such
as 13X molecular sieve, silica gel, platinum on alumina and alumina itself adsorb significant quantities of benzene at tempera-
tures as high as 427°. The adsorption capacity of 13X molecular sieve (0.632 mmole/g. at 91 mm.) at these conditions is
markedly greater than those of the other adsorbents. With the exception of platinum on alumina, the adsorption is readily
reversible and the heats of adsorption are typical of those ordinarily associated with a physical adsorption process. The
heats of adsorption of benzene on 13X molecular sieve, silica gel and v-alumina were determined to be 15.5, 9.8 and 6.8 keal./
mole, respectively, in the range of 260-454°.

I. Introduction presence of solid materials at elevated temperatures.

In the petroleum and allied industries, many Adsorption measurements under such conditions
chemical reactions and separation processes involv- become of interest in elucidating the kinetics and
ing hydrocarbons frequently are conducted in the mechanism of the reaction. Also, they are impor-
tant in determining the various processes which
must be taken into account in describing the mass

(1) Presented at the Southwest ACS Regional Meeting, Capitol
House, Baton Rouge, Louisiana, December 3, 4 and 5, 1959.
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transfer kinetics in gas-solid systems such as fixed-
bed or fluidized-solids processes.

Up to the present time, however, very little in-
formation has been published on high temperature
adsorption of hydrocarbons. Most of the previous
experiments were conducted in static systems which
limited the study to those lower temperature regions
where decomposition did not occur. Hara and
Ikebe,2 however, were successful in studying the
adsorption of propane on a silica-alumina catalyst
up to 400°. In a series of papers, Emmett and his
co-workers3-5 reported additional studies on the
adsorption of hydrocarbons on the silica-alumina
catalyst. To minimize decomposition in their high
temperature work, they used a flow system in
which the hydrocarbon vapor was transported
through a packed column of catalyst. After a
steady-state had been reached, they disconnected
the column and measured its weight from which
they were able to calculate the amount adsorbed.

The present report describes a gas-solid chro-
matographic technique for studying high tempera-
ture adsorption. In such a flow system, the contact
time of the hydrocarbon vapor with the solid sur-
face can be made quite short, thereby minimizing or
even eliminating decomposition reactions. Using a
pulse injection technique, an adsorption process
can be detected easily. Also, data on the heat of
adsorption as well as the adsorption equilibrium
constant can be obtained readily. Results are
presented on the study of benzene adsorption on
13X molecular sieve, silica gel, alumina and
platinum on alumina reforming catalyst in the
temperature range of 260-454°.

Il. Experimental

Apparatus.—The apparatus used for the pulse injection
experiments was similar in basic design to that of a con-
ventional gas chromatograph. Helium, the carrier gas,
was allowed to flow in series through a 6-port Perkin-Elmer
injection valve, the packed column, and a Perkin-Elmer
thermal conductivity cell. The helium flow was accurately
measured by observing the movement of a soap film through
a graduated buret. The packed columns were constructed
of standard '/«" aluminum tubing (i.d. = 0.18 in.). The
adsorbents were pelletized and ground to a 250 to 300 N
particle size to avoid excessive pressure drops. The packed
columns were held at the desired temperature by means of a
fluidized sand-bath, which was similar to that described
by Adams, Gernand and Kimberlin8 and consisted of a bed
of finely divided Si02~AID 3 catalyst (40 to 150 jj) fluidized
by a stream of hot air. The bath was heated electrically
and controlled to a temperature variation of no more than
+2° at the 427° level. The conductivity cell was obtained
from the Perkin-Elmer Corporation and had a fast time
constant of 0.5 second. It was housed in an oil-bath at an
arbitrarily selected temperature of 55 + 0.05°. A Minne-
apolis-Honeywell recorder having a pen speed of one second
for full-scale deflection was connected to the output of the
conductivity cell by a conventional bridge circuit.

Pulses, having a strictly reproducible volume, were
injected into the helium stream by means of the 6-port,
Perkin-Elmer injection valve. This valve is the type used

(2) N. Haraand M. Ikebe, /. Chem. Soc. Japan, Ind. Chem. Sect., 56,
120 (1953).

(3) R. C. Zabor and P. H. Emmett, J. Am. Chem. Soc., 73, 5639
(1951).

(4) D.S. Maclver, P. H. Emmett and H. S. Frank, This Journal,
62, 935 (1958).

(5) D. S. Maclver, R. C. Zabor and P. H. Emmett, ibid., 63, 484
(1959).

(6) C. E. Adamg, M. O. Gernand and C. N. Kimberlin, Jr., Ind. Eng.
Chem., 46, 2458 (1954).
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in their Model 154-C vapor fractometer. The pulse volume
was approximately 0.5 cc. In our experiments, the injected
pulses consisted of a mixture of about 8 mole % of the
hydrocarbon in a non-adsorbable gas such as argon or
helium.

Detection of Irreversible Adsorption.— The pulse tech-
nique can be used to detect the occurrence of irreversible
adsorption provided *he process occurs at such a rate that a
measurable number of molecules are adsorbed within the
contact time allotted. For these experiments, a pulse
consisting of a mixture of helium and the hydrocarbon is
injected into the helium stream. Thus, the conductivity
cell will respond only to the presence of the hydrocarbon.
The area of the effluent pulse is directly proportional to the
amount of hydrocarbon issuing from the column. If the
pulse area obtained when flowing through the packed bed
is less than that with a completely empty column, irrevers-
ible adsorption has occurred. With our particular system,
the disappearance of 0.001 mmole of adsorbate from the
helium stream could be detected easily. Using 20 g. of
solid, this allowed the measurement of 0.00005 mmole of
irreversible adsorption per gram of solid. Those adsorp-
tions, however, which occur at a slow rate would have been
beyond the limits of detection of our apparatus. The
residence time in a 25 cc. packed bed was estimated to be
on the order of 10 seconds at a flow rate of 50 cc./min.

In this report, the only system that exhibited any irreversi-
ble adsorption was that of benzene on platinum-alumina
reforming catalyst. For the purposes of this investigation,
the amount of irreversible adsorption was arbitrarily de-
fined as the material which could not be eluted from the
column within an hour’s time using a flow rate of 50 cc./min.

Detection of Reversible Adsorption.— A slightly different
technique is used to detect a reversible adsorption process.
In this case, a pulse consisting of a mixture of argon and the
hydrocarbon is injected into the helium stream. The
conductivity cell will now respond to either argon (a non-
adsorbable gas) or the hydrocarbon. If only one effluent
pulse is recorded, it is evident that most of the hydrocarbon
molecules traveled through the column at the same rate as
argon and, hence, no adsorption occurred. If, on the other
hand, the hydrocarbon molecules are retarded in their
passage by adsorption on the surface, two peaks will result
the first being that, of argon and the second that of the
hydrocarbon. In this manner, reversible adsorption can be
observed for systems exhibiting only a very small adsorption
capacity.

It has been found7'3that the movement of the maximum
of a pulse through a packed column obeys the relation

where
L = length of packed column in cm.
tm = retention time of pulse maximum in seconds
Ue = superficial linear gas velocity in cm./sec., i.e., veloc-
ity that would result if column were completely
empty
0' = adsorption equilibrium constant

= no-.2f mole? lea ads./cm .3¥of column at equilibrium

no. of molecules in gas/cm .30f gas

Equation 1 is important because it relates the chromato-
graphic data to the adsorption equilibrium constant 0'.
This constant is directly proportional to the slope of the
adsorption isotherm and is a true constant only for those
systems having linear adsorption isotherms. In the case of
Langmuir isotherms, it progressively decreases in value up
to a monolayer surface coverage. Since the partial pressures
normally involved ir. gas-solid chromatography are quite
small, the value of 0’ as calculated froin equation 1 should
be expected to correspond to the limiting slope of the
isotherm in the low pressure region. Eberly and Spencer8
have shown that this is essentially the case.

As previously reported,910the constant 0' can be treated

(7) A.J. P. Martin and R. L. M. Synge, Biochem. J. (London), 35,
1358 (1941).

(8) P. E. Eberly, Jr., and E. H. Spencer, in process of publication.

(9) A. J. M. Keulemans. “Gas Chromatography,” Reinhold Publ.
Corp., New York, N. Y., 1957.

(10) S. A. Greene and H. Puist, T his Joubnal, 62, 55 (1958).
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0 0.2 0.4 0.6 0.8 1.0
P/Po.
Fig. 1.— Nitrogen adsorption isotherms at —195.8°.
The symbols have the following significance: 0, 13X
molecular sieve; 0O, silica gel; V, alumina; O, alumina

calcined at 980°F. for 16 hours; and A, 0.6% Pt on alumina.
The dark, solid symbols represent desorption points.

Fig. 2.— Pulse flow retention times as a function of tem-
perature. All experiments were made wfith helium as the
carrier gas flowing at a rate of 50 cc. (STP)/min. The
adsorbents having a particle size of 250-300 n were packed
into 0.18 in. i.d. tubing. The symbols have the following
significance: m, benzene on 8.7 cm. long column of 13X;
= , «-hexane on 8.7 cm. long column of 13X; O, benzene on
122 cm. long column of silica gel; O, benzene on 152 cm.
long column of the calcined alumina; A, benzene on 152

cm. long column of ij-alumina.

as a thermodynamic equilibrium constant and by maldng
the appropriate substitution, equation (2) can be obtained.

AH 1
log fu(cor.) = C — 23~ f (2)
where iit(cor.) represents the observed retention time

corrected to 25° and atmospheric pressure in the manner
described by Green and Pust.10 The constant C is afunct.ion
of the entropy of adsorption, the dimensions of the column
and the carrier gas flow rate. |If these factors are kept
constant, then a plot of the logarithm of the corrected
retention time against the reciprocal of the absolute tem-
perature 1/T should yield a straight line the slope of which
is proportional to the heat of adsorption.
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This method is of great value because it represents about
the only way in which heats of adsorption can be con-
veniently measured at high temperatures. The heats of
adsorption obtained in this manner are believed to be
average values over the range of partial pressures involved.
Since the partial pressures of hydrocarbon in the present
work were on the order of 1 mm. or less, the heats of ad-
sorption should correspond to those at very low surface
coverage. Green and Pust,10 working at lower tempera-
tures, found good agreement between the heats of adsorption
evaluated in this way and those obtained calorimetrically
and isosterically.

Materials.— The silica gel and 0.6% Pt on alumina
catalyst were obtained from the Davison Chemical Co.
The alumina was supplied by the National Aluminate
Corporation and consisted essentially of the ~-crystalline
phase. A portion of this alumina was calcined at 980°
for a period of 16 hours. X-Ray diffraction patterns in-
dicated that the calcined alumina contained approximately
20% of the a-Alath crystalline phase. The 13X molecular
sieve was obtained from Linde Air Products Co. in powder
form. The solids existing in powder form were first pelleted
and then ground to obtain material in the 250-300 m particle
size range.

Nitrogen adsorption isotherms for these materials at
—195.8° are shown in Fig. 1. Pore volumes were deter-
mined by measuring the amount of nitrogen adsorbed at
saturation pressure. These are listed in Table | together
with the calculated B .E.T. surface areas.

The benzene used in this investigation was the reagent
grade available from J. T. Baker Chemical Co. The nN-
hexane was the research grade hydrocarbon supplied by
Phillips Petroleum Company. Both of these were used
without any further purification.

The gases were commercially available. The purities
of the helium and argon were 99.99 and 99.995%, respec-
tively. These gases were used as such and no attempt was
made for further purification.

I11. Results

Table Il lists the data obtained with the five
different columns of adsorbent. In each case,
helium gas was flushed through the column for a
period of 16 hours at 427° before the experimental
measurements were taken. The amount of material
adsorbed at the indicated partial pressures was
determined by a continuous flow method reported
previously. 1 No decomposition was observed in

Tabte |

Adsorbent Properties

B.E.T. area, Pore volume,
Adsorbent m. Vg. 00./g.
13X molecular sieve* 760 0.32
Silica gel 649 .38
Alumina 192 .39
Calcined alumina6 69 .37
0.6% Pton alumina 139 42

° Data were calculated from the isotherm by use of the
B .E.T. equation for narrow capillaries (S. Brunauer,
P. H. Emmett and E. Teller, J. Am. Chem. Soc., 60, 309
(1938)). 6Heated to 980° for 16 hours.

any of these runs. This was indicated by a lack of
irregularity in the shape of the effluent peak. Also,
in the independent measurements in which a con-
tinuous flow of hydrocarbon was passed through
the column, no decomposition products were ob-
served in a sample of the effluent vapor collected in
a liquid nitrogen trap.

With all the solids except the 0.6% Pt on alu-
mina, two distinct and separate peaks were observed.
The first corresponded to that of the unadsorbed
argon and the second to that of the hydrocarbon.
The time difference between the two peaks is listed

(11) P. E. Eberly, Jr,, and C. N. Kimberlin, Jr*, Trans. Faraday Soc.
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Table Il

Chromatographic Data with Various Adsorbent Columns at 427°*

IOolu'm

Adsorbent & er(!élgr'l1 ¢ Adsorbate
13X molecular sieve 8.7 Benzene
13X molecular sieve 8.7 n-Hexane
Silica gel 122.0 Benzene
Alumina 152.0 Benzene
Calcined alumina’ 152.0 Benzene
0.6% Ptonalumina 152.0 Benzene

“ The carrier gas was helium flowing at a rate of 50 cc. (STP)/min.
' Columns were constructed of aluminum tubing having an i.d. =
mined from independent experiments using continuous flow methods as described by Eberly and Kimberlin.11

to 300 ft.

980° for 16 hours.

in the fourth column. The hydrocarbon retention
clearly illustrates the existence of a reversible type
of adsorption at this comparatively high tempera-
ture. The 13X molecular sieve exhibits an extra-
ordinarily large adsorptive capacity. A 186 second
time difference was observed with a column only
8.7 cm. in length. With both silica gel and the
aluminas, much longer columns had to be con-
structed in order to get a detectable time difference
between the argon and hydrocarbon pulses. The
effect of calcination on the alumina is illustrated by
its extremely short retention time and its low ca-
pacity for benzene.

The platinum-alumina reforming catalyst was
the only material that showed a highly irreversible
adsorption of benzene. In fact, no effluent pulse
was detected even up to one hour’s time with a
helium flow rate of 50 cc. (STP)/min. Since the
amount of this irreversible adsorption was too large
to measure conveniently by the pulse flow tech-
nique, independent experiments were made using the
continuous flow method reported previously.ll
With a stream containing 91 mm. partial pressure
of benzene, the total amount of material adsorbed
was found to be 0.062 mmole/g. Approximately
two-thirds of this amount was adsorbed reversibly
and was eluted easily from the column. The
remaining 0.02 mmole/g. was held very tightly to
the catalyst surface and represented the extent of
irreversible adsorption. This accounts for the
absence of an effluent peak in the pulse experiments.

When the temperature of the columns was
reduced to successively lower values, it was observed
that the retention times of the hydrocarbon pulse
increased progressively whereas those of the argon
pulse remained essentially constant. The retention
times corrected in the previously described manner
were found to obey the predicted relationship and
increased logarithmically with the reciprocal of the
absolute temperature. The data are shown in Fig.
2 and the calculated heats of adsorption are given
in Table I1I.

The calculated heats are representative of those
normally associated with a physical adsorption
process. Benzene on silica gel gave a value of 9.8
kcal./mole which compares favorably with the
8.5-12.0 kcal. measured previously at much lower
temperatures. The ~-alumina gave a value which
was about 3 kcal./mole lower than that obtained
with silica gel. It is also of interest to note the

No hydrocarbon peak obsd.

Difference in retention time of
argon and hydrocarbon peak,

Amount adsorbed,

imin sec. mmoles/g.t
186 C.632 at 91 mm.
25
39 C.053 at 62 mm.
29.4
17 C.007 at 62 mm.

Rev. 0.042\

at 92 mm.
0.02 /
6 The particle size of the adsorbent was between 250
0.18 in. dThe amount adsorbed was deter-
e Heated to

Irr.

Table 111

Heats of Adsorption Determined from Pulse Reten-

TiON T imes
AH of adsorption,
kcal./mole
Adsorbent Adsorbate  This work Other work
Silica gel Benzene 9.8 8.5-126
Alumina Benzene 6.8
Calcined alumina“ Benzene 3.4
13X molecular sieve Benzene 15.5 16.8“
13X molecular sieve n-Hexane 10.8
“ Calcined at 980° for 16 hours. bDA. A. Isirikyan and

A. V. Kiselev, Proc. Akad. Sci. U.S.S.R., Sect. Ph.ys. Chem.,
115, 473 (1957). CR. M. Berger, F. W. Bultitude and
J. W. Sutherland, Trans. Faraday Soc., 53, 1111 (1957).

decrease in energy of the alumina surface produced
by the calcination process.

The highest value of the heat of adsorption of
benzene was obtained with the 13X molecular
sieve. This is in good agreement with the 16.8
kcal./mole obtained by Barrer and his co-workers.
For comparative purposes, the heat of adsorption
of n-hexane also was determined and found to be
about 5 kcal./mole less than that for benzene.

Due to the occurrence of irreversible adsorption,
no attempt was made to conduct similar experi-
ments on the platinum-alumina reforming catalyst.

IV. Discussion

The techniques described in this paper are par-
ticularly valuable for the detection of adsorption
processes at high temperatures. The low' contact
times afforded by the flow method permit the study
of adsorption without the complicating effects of
decomposition frequently encountered in static
systems. The method, however, can only detect
those processes wdiich occur at a sufficiently rapid
rate so that a measurable number of molecules are
adsorbed within the allotted contact time. The
dependence of the pulse retention time upon tem-
perature permits the evaluation of the heat of
adsorption. This quantity would be extremely diffi-
cult to measure at these conditions by calorimetric
or isosteric methods. The information available
from the pulse flow experiment complements that
from the previously reported continuous flow
method so that a rather complete picture of high
temperature adsorption can be obtained.

The existence of a reversible adsorption of this
order of magnitude at high temperatures has not
been greatly appreciated by previous investigators
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in the field. This is due probably to the lack of
adequate experimental facilities for measuring ad-
sorption under these conditions. The heats of
adsorption determined in the present report are
similar to those normally associated with a physical
adsorption process. It then becomes interesting to
observe that this adsorption occurs at temperatures
well in excess of the critical temperatures of benzene
and n-hexane which are 288.5 and 234.8°, respec-
tively. Similar phenomena, however, have been
reported with other systems although not to the
degree illustrated in the present paper. For in-
stance, Morris and Maass2 and Edwards and
Maass13 found that propylene and dimethyl ether
are appreciably adsorbed on aluminaat temperatures
10 to 15° in excess of the critical temperature. In
fact, even multimolecular adsorption was observed.

The unusual nature of the 13X molecular sieve is
illustrated by the fact that this solid adsorbs
roughly six times the amount of benzene than does
the more conventional adsorbent, silica gel. It also
exhibited the highest heat of adsorption. Similar
effects were recognized previously in moderate
temperature regions, and it is interesting to observe
their existence even at high temperatures. The
platinum-alumina catalyst was the only material
examined which exhibited an irreversible adsorption
of benzene. This effect must be closely associated
with its catalytic properties.

(12) H. E. Morris and 0. Maass, Can. J. Res., 9, 240 (1933).
(13) J. Edwards and O. Maass, ibid., 13B, 133 (1935).
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In a companion report,1l reversible adsorption of
hydrocarbons has been shown to occur on a silica-
alumina cracking catalyst and molybdena-alumina
reforming catalyst at temperatures as high as 427°.
This type of adsorption undoubtedly plays a very
important part in mass transfer kinetics of fiuidized-
solids reactors such as those used in catalytic crack-
ing of petroleum fractions. In order to determine
the rate constants of adsorption, Eberly and Spen-
cer8 solved the mathematics of the pulse process.
From an analysis of the shape of the effluent pulse,
the magnitude of these rate constants can be deter-
mined.

Solid adsorbents should also be useful for analyti-
cal purposes. Recently, much work has been
reported on the use of gas-liquid partition chroma-
tography for the analysis of high boiling mixtures.
The main difficulty encountered in operating
columns at high temperature has been either the
gradual volatilization and/or decomposition of the
substrates. It appears that this difficulty could be
overcome by the use of solid adsorbents as packing.
These are very stable and probably could be used
for indefinite periods of time. Previously, the
main objection to the use of solids has been that
they give in general asymmetric peaks. The peaks
that we have observed are not sufficiently severely
asymmetric to exclude solid adsorbents as suitable
column packing. Perhaps, more attention should be
given to the use of gas-solid chromatography, par-
ticularly for the high temperature analyses.

DOUBLE RESONANCE STUDY OF PYRROLE AND OF THE PYRROLE-
PYRIDINE INTERACTION

By James A. Happel

Chemistry Division, Research Department, U. S. Naval Ordnance Test Station, China Lake, California
Received June 9, 1960

The self-association of pyrrole has been studied by nuclear magnetic resonance using the double resonance method to over-

come interference from the nitrogen quadrupole.

“n-donor” interaction.

The association between pyridine and pyrrole has been studied by the same
technique. _ The pyrrole-pyrrole interaction appears to be of the “ir-donor”

type while pyrrole and pyridine exhibit an

For the dimerization of pyrrole the equilibrium constant K was 4.3, while for the pyrrole-pyridine
association reaction measurements of K at four temperatures gave AH® =

—4.3 kcal./mole and ASO = —8.0 cal./mole.

Chemical shifts were obtained for the associated protons in both hydrogen bonded complexes.

Introduction

Intermolecular association in pyrrole has been
demonstrated by the infrared studies of Fuson,
et al..» who pointed out the presence of an “asso-
ciated band” at 2.92 p. An estimate of the over-all
extent of the association also was reported as a
function of pyrrole concentration in CC14 Calori-
metric studies by Vinogradov and Linnell3 sup-
ported the self-association of pyrrole. In neither
case was the nature of the association clear, how-
ever, nor could the results be interpreted in terms
of a simple monomer-dimer equilibrium. The
latter authors included a quantitative study of the

(1) Chemistry Division, Lawrence Radiation Laboratory, Univer-
sity of California, Livermore, California.

(2) (a) N. Fuson and M. L. Josien, J. Chem. Phys., 20, 1043 (1952);
(b) N. Fuson, M. L. Josien, R. L. Powell and E. Utterback, ibid., 20,
145 (1952).

(3) S. N. Vinogradov and R. H. Linnell, ibid., 23, 93 (1955).

[association reaction between pyridine and pyrrole.

Some uncertainty existed, however, regarding the
compatibility of their calorimetric and infrared
results.

Nuclear magnetic resonance studies on the
association of pyrrole with various donor solvents
have been reported previously.46 These reports
gave the effect of association on the chemical shift
for pyrrole a and /3-ring protons. Also the n.m.r.
signals for these protons were reported to separate
by about 0.2 p.p.m. on dilution with an inert sol-
vent. The NH proton resonance signal is broad-
ened beyond detection by quadrupole interaction
with the nitrogen nucleus.

In view of the above it seemed desirable to carry

(4) L. W. Reeves, Can. J. Chem., 35, 1351 (1957);
and R. Freymann, Compt. rend., 248, 677 (1959).

(5) T. Schaefer and W. G. Schneider, J. Chem. Phys., 32, 1224
(1960).

M. Freymann
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out a direct investigation of the hydrogen bonding
in pyrrole using the double resonance technique to
eliminate interference from the nitrogen quadru-
pole moment.6 It also appeared that this technique
might be well suited for application to the pyrrole-
pyridine reaction.

For the pyrrole-pyrrole interaction an equilibrium
constant for the dimerization reaction has been
obtained. An attempt also has been made to
deduce something of the structure of the pyrrole
dimer from the magnitude of the association shifts
for both NH and a-CH ring protons.

The equilibrium constant for the pyrrole-pyri-
dine association reaction has been measured as a
function of temperature. From the results the
thermodynamic functions for the reaction have
been obtained.

Experimental

Double resonance experiments were carried out with a
Varian Associates V-4320 n.m.r. spin decoupler which
enabled simultaneous saturation of nitrogen nuclei by irra-
diation at 2.9 me. and observation of the proton resonance at
40 me. The high resolution n.m.r. spectrometer and as-
sociated equipment have been described elsewhere.7 Sam-
ples were contained in 5-mm. n.m.r. tubes and rotated.
Temperature was controlled to + 0.5° by means of a Varian
Associates V-4340 Variable temperature n.m.r. probe acces-
sory. The n.m.r. spectra were recorded on a Sanborn — 151
recorder and were calibrated by the side-band technique.
The chemical shift was taken to be the average of a number
of individidual determinations. The a and P protons of
pyrrole appear in the spectrum as separate quartets while the
N H proton of pyrrole is a 5-fold multiplet in the absence of
quadrupole effects. Chemical shifts were measured to the
center of the multiplets relative to the cyclohexane solvent
and are expressed in terms of the quantity 5 defined as 5 =
(H — Hret)/Hrei x 108. The accuracy of the measure-
ments was *0.005 except for the most dilute solutions of
pyrrole in cyclohexane.

Twenty-milliliter samples of pyrrole in cyclohexane were
prepared in a dry box under an atmosphere of dry nitrogen.
One-half milliliter aliquots then were added to n.m.r. tubes

and the tubes covered with rubber policemen. Sample tubes
were removed from the dry box, the liquid frozen and the
tubes sealed off without exposure to air. Cyclohexane solu-
tions containing pyridine and pyrrole were prepared in a
similar manner by adding the approximate quantity of
pyridine to a 20-m|l. aliquot of a stock solution of pyrrole in
cyclohexane. The composition of all solutions was deter-
mined by weight.

Pyrrole was dried over potassium hydroxide and purified
by fractional distillation. Pyridine also was dried and
fractionated. Cyclohexane was distilled from P»06 under
reduced pressure.

Results and Discussion

Pyrrole-Cyclohexane System.—Proton exchange
in cyclohexane solutions of pyrrole is sufficiently
slow to allow the resolution of fine structure in the
resonance absorption for the NII proton. The
splitting of this peak results from spin-spin cou-
pling to the a and /3-ring protons. The chemical
shift for the multiplet is concentration-dependent
reflecting the associated nature of pyrrole. The
chemical shift for the a-CH protons of pyrrole
moves significantly to lower fields on dilution while
the n.m.r. peak for protons in the /3-position shifts
only slightly relative to the cyclohexane solvent
over the major portion of the concentration range.

(6) For a discussion of the double resonance method see J. D. Rob-
erts, “Nuclear Magnetic Resonance,” McGraw-Hill Book Co., Inc.,
New York, N. Y., 1959, Chapter 5.

(7) J. A. Happe and A. G. Whittaker, J. Chem. Phya., 30, 417
(1959).
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These results are given in Table | together with the
extrapolated shifts at infinite dilution.

On dilution with cyclohexane ¢ for the NH pro-
tons is shifted in the direction of lower magnetic
fields. While this behavior is not expected for the
breakup of N-H . . . N bonding it is quite consistent
with a decrease in so-called “it interactions”
between the N-H proton of a pyrrole molecule and
the ~-electron ring system of a second molecule.8
For such an interaction an NH proton located above
the mobile w-electrons of a conjugated system
experiences a secondary magnetic field opposed to
the applied field. Resonance, therefore, occurs at
higher applied fields than for an unassociated NH
proton. A similar effect, though considerably
reduced in magnitude, is expected for the a-CH pro-
tons as observed. From a consideration of the
bond distances involved it appears, however, that
protons in the /3-position of a dimeric complex are
far enough removed from the donor pyrrole ring to
make the corresponding anisotropic effects small.

In view of the anisotropy of the pyrrole molecule
there may be some question as to the use of the
cyclohexane signal as an internal reference. Al-
though the chemical shift for this signal may be
concentration-dependent in such systems, the Ss
for other sample signals are expected to exhibit
approximately the same concentration shifts in the
absence of specific intermolecular interactions.9
This appears to be confirmed by the minor concen-
tration dependence of the /3-CH proton shift.
Thus the observed shift in 5nh and 5acrr with con-
centration are assumed to reflect only the direct
effects of intermolecular association, particularly in
the low concentration region of interest here.

The Association Constant—Huggins, Pimentel
and Shoolery®Dhave described a method for relating
the equilibrium constant K for a dimerization reac-
tion to the limiting slope of a plot of resonance shift
5 versus mole fraction of the associated component.
In this method a chemical shift is estimated for the
dimeric species. In the present study it was felt
that this unknown might also be determined analy-
tically from the general expression for dilute solu-
tions relating observed shift and concentration.
The assumption is made that two proton environ-
ments exist with chemical shifts 5 and 52 char-
acterizing, respectively, the unassociated and
associated NH protons. The dimer is taken to be
open, containing one free and one associated NH
proton. Then, for solutions sufficiently dilute to
exclude significant concentrations of trimers and
higher polymers, the observed shift is given by

a= (a= + .6 |
(az . ()
or
X = aA
Au
A=5—5 AU= =2—3
(8) L. W. Reeves and W. G. Schneider, Can. J. Chem., 35, 251
(1957).
(9) J. R. Zimmerman and M. R Foster, This Journal, 61, 282
(1957).

(10) C. M. Huggins, G. C. Pimentel and J. N. Shoolery, ibid, 60,
1311 (1956).
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Table |

Chemical Shifts Relative to Cyclohexane foe the Photons of Pykrole in Cyclohexane Solution at 33°
Mole Mole

fraction fraction

pyrrole (S-CH a-CH NH pyrrole 0-CH a-CH NH

0.9675 -4.743 -4.935 -5.863 0.1059 -4.673 5.018 -5.965
L7102 -4.698 -4.920 -5.825 .0959 -4.673 5.025 -5.990
.7049 -4.923 .0746 -4.670 -5.035 -6.015
5642 -4.688 -4.925 -5.825 .0722 5.040

5091 -4.678 .0425 4.670 5.070 6.100
4150 -4.675 -4.935 -5.850 .0422 4.670 6.108
.3584 -4.673 -4.945 -5.863 .0335 4.668 6.140
2974 -4.673 -4.950 -5.863 .0212 -4.663 -5.108 -6.198
.2930 -4.665 -4.9438 .0106 4.660 -5.133 6.238
.2186 -4.663 .0102 4.660 -5.123 6.250
.2025 -4.673 -4.965 -5.883 .0080 4.653 -5.125 6.263
.1830 -4.670 -4.975 -5.890 .0053 -4.660 -5.139 -6.275
.1569 -4.673 -4.985 -5.910 .0000 (-4.655) (-5.150) (-6.318)
1422 -4.668 -4.993

Fig. 1.— Resonance shifts for the a-CH and NH protons
of pyrrole in cyclohexane relative to the oo dilution shifts.

Solid curves are calculated for a monomer-dimer equi-
librium.

where moles of dimer are represented by x and
stoichiometric moles of pyrrole by a. The coeffi-
cients of 5i and dzin equation 1 give the fractions of
protons in the respective states. The equilibrium
constant in mole fraction units is

_ _(a—x+9)
K= X 22 @)

where s is the moles of cyclohexane solvent. Let-
ting X be the stoichiometric mole fraction of pyr-
role, equations 1 and 2 may be combined to give

y (49 + 1) _

AU AT KAn 0 3)
The solution of equation 3 may be expressed as a
converging series

| = -4KA + KAUL + A + 242+ 543+

+1 (4

A = Ké4K +
4K + 1/Xf
Approximate values of K and Au were obtained
from the intercept and initial slope of a plot of A/X
versus A neglecting correction terms involving A.
The chemical shift for unassociated NH protons
was —6.318. Refined values of K and Au were
then obtained from similar plots by successive

approximations including the correction terms in A ..
This procedure gave a K of 4.3 and a Auof +1.93.

The concentration dependence of s for the a-CH
protons is also assumed to reflect a rapid exchange
between magnetically non-equivalent environments.
Here Silrepresents the chemical shift for a-CH pro-
tons in an unassociated pyrrole molecule and
characterizes the two a-CH protons above the
plane of a donor pyrrole ring. Equation 4 again is
appropriate and a Au' may be calculated from the
previously detexmined K and the observed shift for
the a-CH protons at a given concentration. The
value of V was —5.150 and an average value of
Au' = 0.66 was obtained using data up to a mole
fraction of 0.1.

The concentration dependence of A for both a-
CH and NH protons calculated from equation 3
using K = 4.3 and the appropriate Auis shown by
the solid curves of Fig. 1. The experimental data
areincluded. Deviations from the calculated curves
occur above a mole fraction of 0.08 and probably
result from significant concentrations of trimers,
etc. The direction of the deviation for the NH pro-
ton shift indicates that the s for associated NH pro-
tons in higher polymers is considerably more nega-
tive than S for the dimer.

The treatment for a closed dimeric model is very
similar to that given above except that the sub-
stitution x = aA/2Au is made in equation 2. The
equilibrium constant obtained from this model is
again4.3. The Aus, however, are only half as large,
being +0.96 and +0.33, respectively, for the
associated NH protons and the a-CH protons of
the dimer.

The Pyrrole Dimer—Waugh and Fessendenll
have discussed the calculation of chemical shifts
arising from the anisotropy of a benzene ring. An
expression in terms of elliptic integrals was used for
the induced magnetic field of a circular ring around
which a current is flowing. If the benzeneoring is
replaced by a pyrrole ring of radius 1.15 A. their
treatment may be extended to relate the Au for a
x-bonded NH proton to its distance above the
donor pyrrole ring. For an open dimer in which the
associated NH proton is assumed to be directly

(11) 3. S Waugh and R. w. Fessaden, 3. chem. Phys., 24,3111

(1956).
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above the center of the donor ring, a chemical shift
of +1.93 as found here corresponds to a separation
of 2.3 A. between NH proton and donor pyrrole
ring. From the bond distances and angles given
by Bak, et al.,12 for pyrrole, the a-CH protons of
the acceptor pyrrole molecule may then be located
about 3.7 A. above the donor ring and at a displace-
ment of approximately 2.1 A. from its center. A
secondary chemical shift of +0.24 is calculated for
protons in this position—Ilower by about a factor of
three than that derived for A/ on the basis of an
open dimer.

For the cyclic model of a pyrrole dimer in which
both pyrrole rings act as x-donors a separation of
3.0 A. is calculated between NH proton and donor
pyrrole ring by using the derived Au of +0.96.
The «-CH protons then may be taken to occupy a
position 3.0 A. above a donor ring at a displacement
of 2.5 A. from its center. For protons in this posi-
tion a Au of +0.22 is calculated as compared to
the Au of +0.33 derived experimentally for this
model. Thus although the calculations must cer-
tainly be considered rough it would appear that a
cyclic model for the dimer of pyrrole is most con-
sistent with the n.m.r. results. A summary of the
calculations is given in Table II.

Table 11

Comparison of the Association Shift, AU, Derived

Experimentally for «-Ring Protons of Pyrrole with

that Calculated on the Basis of a t-Bonded M odel of
the Dimer

AU Au' NH .. .Ring Au'
Model of NH «-CH separation, a-CH
dimer protons protons A. protons
Open 1.93 0.66 2.3 0.24
Cyclic 0.96 0.33 3.0 0.22

Pyrrole-Pyridine System.—In cyclohexane solu-
tions of pyrrole containing pyridine the NH proton
resonance absorption again appeared as a 5-fold
multiplet when the sample was subjected to a
strong 2.9 me. R-F signal. The Sfor the multiplet
was strongly concentration-dependent and shifted
to lower fields with added pyridine. Large shifts in
this direction may be attributed to “n-donor”
association here undoubtedly involving the lone
pair nitrogen electrons of the pyridine molecule.

The data of Table Ill give the concentration-
dependence for the pyrrole NH chemical shift at
four temperatures. The treatment of the data was
quite analogous to that given for cyclohexane so-
lutions of pyrrole.13 Concentration-independent
chemical shifts, S and 3 were assumed for the
unassociated pyrrole NH proton and the hydrogen
bonded proton of the pyrrole-pyridine complex,
respectively. For a reaction

x(a — X + s)

(@a—x(b —X

(12) B. Bak, D. Christensen, L. Hansen and J. Rastrup-Andersen,
ibid., 24, 8720 (19561.

(13) See also C. M. Huggins, G. C. Pimentel and J. N. Shoolery,
ibid., 23, 1244 (1955).

and
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29 3.0 3.1 3.2 3.3

IT XIC8

Fig. 2.— Variation of log K with reciprocal temperature for
the pyrrole-pyridine reaction.

where the terms have the same meaning as pre-
viously defined and b is the number of moles of
pyridine added. As before substitution of x into the
expression for K gives a quadratic equation in A

Table 111

Effect of Pyridine on the Chemical Shift for the NH
Protons of Pyrrole in Cyclohexane

Moles pyrrole = 6.0 X 10“3 moles cyclohexane = 0.1778
Mg)cli'eS hemical shift ( )
pyridine Chemical shift (p.p.m.
X 10 33.0° 44.6e 57.6° 69.6°
0.12 -6.185 -6.213 6.225 -6.233
0.50 6.293 -6.303 6.303 -6.303
1.00 -6.448 -6.425 6.410 -6.383
2.02 6.718 —6.655 6.593 —6.533
4.14 -6.910 -6.818
7.83 -7.698 -7.518 7.343
10.23 -7.985 -7.775 7.573 -7.393
20.29 -8.593 -8.373 8.153 -8.935
37.19 -9.028 -8.845 8.635 -8.413
60.78 -9.290 -9.130 8.928 -8.728
s AWA +
a(K + 1)]
K{1- Xx) —
=0 (5
(K + 1)x
Solution of (5) gives
A + 1)A KAu.
(‘( ) + B+ 2B2+ 5B3+ ...]
b sa- x) + 6 [
(6)
K(K + 1) (i)
B =
[v + + + a) + «lI

An estimate of K and Au was obtained from the
slope and intercept of a plot of A/b versus A/(1—X).
Improved values of K and Au then were obtained
from similar plots by successive approximations
including the correction terms in B. The chemical
shift for unassociated pyrrole was taken to be
—6.318 and thus the observed 5 for the lower pyri-
dine concentrations includes a contribution from
the still significant pyrrole-pyrrole association. At
the higher pyridine concentrations this effect is
negligible. The values of K and Au obtained in
this manner are included in Table IV. From the
plot of log K versus I/T shown in Fig. 2, a AHo of
—4.3 kcal./mole is obtained for the pyrrole-pyri-
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dine reaction and a standard entropy change of AS°®
= —8.0 cal./mole. Thus the present results by
the n.m.r. method are quite consistent with the
earlier work of Vinogradov and Linnell3 who ob-
tained for this reaction a AH of —3.8 + 0.2 kcal.
from calorimetric measurements and an equilibrium
constant of 22 +3 at 30° from infrared measure-
ments in CCh solutions.

The significance of the variation of calculated A,
with temperature is uncertain. Temperature de-
pendent n.m.r. effects, however, frequently indicate
association processes. It may be that the present re-
sults arise from a second dimerization reaction be-
tween pyrrole and pyridine. Although the most sig-
nificant interaction is obviously of the n-donor type,
association via the aromatic pyridine ring is also
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possible. The variation in Au would then reflect a
temperature dependent ratio of 7-bonded to n-
bonded complexes.

Table IV

Equilibbium Constant and Association Shift fob the

Pybrole-P yridine R eaction

Temp., K .

”C. (mole fraction) 1 Au
33.0 23.1 -3.505
44.6 17.6 -3.483
57.6 13.7 -3.413
69.6 10.8 -3.355
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The major feature of this research is to study the transfer of NaCl and KC1 from ethylene glycol and from methanol to

water.
Ag.AgCliIMCI
expressed as a function of N'A.

The Bom theory was found not to describe completely the transfer process.

The thermodynamic quantities of the transfer were measured at three different temperatures, by using the cell:
(non-aqueous solvent)[| M(Hg)J| MCl(water)| AgClI, Ag.

The “limiting law” for the transfer process was

The devia-

tions between the experimental values of the free energy of transfer and those calculated by use of the Born theory are best

explained by considering the order-disorder producing nature of the solute’s ions on the solvent.

of ions can be described by use of the entropy of transfer.

Introduction
By making measurements of the e.m.f. of the cell

Ag,AgCl |MCI (non—aqueous\ UM(Hg)J|
\ solvent /

MCl(water)] |AgCl,Ag (1)

at various temperatures, the thermodynamic
properties of the transfer
MCI inon-aqueous\ > MCl(water) 2)

V  solvent )

can be determined. The free energy of transfer Al<\
would be the sum of the free energy lost by the
water and the free energy gained by the non-aque-
ous solvent when the ion pair has been removed
from it. The entropy of transfer ASt should give
some idea as to the ability of the ions to break down
or build up the structure of the non-aqueous solvent
as compared with this same ability in water.

The measurements will have to be made at certain
concentrations of MCI in both the water and the
non-aqueous solvent. In order to be free of any
potential arising due to cratic effects, both solutions
for a single measurement should have the same mole
fraction of MCI. This enables an ion pair, under-

(1) Presented in part at the Southeastern Regional Am. Chem. Soe.
meeting in Richmond, Virginia, November 5, 1959.

(2) Abstracted in part from the Ph.D. Dissertation submitted by
J. C. Fanning to the Georgia Institute of Technology, 1960.

(3) Correspondence concerning this paper should be sent to this

author at Department of Chemistry, Tulane University, New Orleans,
Louisiana.

The order-disorder nature

going a transfer, to be exposed to an equal number
of solvent molecules in both solutions.

Gurney4refers to this method as connecting cells
“back-to-back.” He used this type of cell in order
to study the free energy of transfer of several 1-1
chlorides from water to various mixtures of MeOH
and water. Others53 also have investigated the
free energy of transfer.

Experimental

Equipment.— The actual apparatus used for making
these measurements on cell (1) is similar to that described
by Maclnnes and Parker8 and Harned.7 The silver-silver
chloride electrodes used were of the type described by
Maclnnes and Beattie.8 The amalgam electrodes were
formed by flowing the alkali metal amalgam from capillary
tubes into the solution chamber. For the preparation ot
the alkali metal amalgam triply distilled mercury was used,
and the amalgam preparation followed the procedure given
by Harned.7 A K-2 type Leeds and Northrup potentiom-
eter was used for the measurement of the potential.

Chemicals.— Distilled water was redistilled from an
alkaline KMnCh solution with oxygen-free nitrogen
bubbling through the solution. Technical grade glycol

(4) R. W. Gurney, “lonic Processes in Solution,” McGraw-Hill
Book Co., Inc., New York, N. Y., 1953, Chap. 13.

(5) G. R. Haugen and H. L. Friedman, J. Am. Chem. Soc., 76,
2060 (1954); This Journal, 60, 1363 (1956); K. Schug, Abstracts of
Papers, Division of Physical and Inorganic Chemistry, Am. Chem. Soc.,
April 13-18, 1958; L. M. Mukherjee, T his Journal, 60, 974 (1956).
~ (6) D. A, Maclnnes and K. Parker, J. Am. Chem. Soc., 37, 1445
(1915).

(7) H. S. Harned, ibid., 51, 416 (1929).

(8) D. A. Maclnnes and J, A. Beattie, ibid., 42, 1117 (1920).
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was purified according to the method given by Smyth and
Walls.9 The methanol was purified by the method of
Vogel.10 NaCl and KCI1 were purified by the recrystalliza-
tion of J. P. Baker “ Analytical Grade’’ reagents.

Solutions: The Non-aqueous Solutions.— In every case
the solvent was finally distilled into tared 250-ml. erlen-
meyer flasks which were sealed with glass stoppers after the
proper volume of solvent was distilled into them. The
exact weight of solvent in each flask was determined. Since
the weight of the solvent was known, the correct amount of
salt which would give the desired concentration could be
weighed into the flask.

The Aqueous Solutions.— Knowing the exact concentra-
tion of a given non-aqueous solution and the weight of the
water in the flask, the weight of salt necessary to add to the
water was calculated in order to obtain two solutions of
equal mole fraction.

Measurements.— Oxygen-free nitrogen was used to force
the solutions into their proper cell units. After the cells
had remained in the constant temperature bath for about
one hour the capillary tubes which formed the amalgam
electrode were inserted. After adjusting the potentiometer
circuit, the amalgam was passed through the solution and
measurements were made quickly. At least three measure-
ments were made on each pair of solutions, and only a small
amount of variation was noticed unless the amalgam in the
container had a large amount of oxide film on its surface.
When this occurred, the last measurement was likely to be
somewhat lower than the first and second readings. The
temperature was controlled to +0.05°.

Data.— The potentials of the two cells which were con-
nected back-to-back were measured at three different
temperatures and at definite concentrations. The mole
fraction of the_solute was always the same in the two cells.
Table | contains the tabulated results obtained from the
experimental measurements.

The concentration range covered by the measurements
for the alkali metal chlorides extended from 0.0005 mole
fraction unit to a mole fraction which was very close to that
of the saturated non-aqueous solution. The minimum value
of the concentration range was chosen since it corresponded
to a molality of about 0.05. As Robinson and Stokesll
pointed out, this is about the lowest concentration at which
one can obtain reliable results with an alkali metal amalgam
electrode.

The results obtained were for NaCl being transferred from
glycol to water, NaCl being transferred from MeOH to
water, KCI1 being transferred from glycol to water, and KCI
being transferred from MeOH to water. There were only a
very few values for KCI transfer from MeOH, because KCI1
is only very slightly soluble in MeOH.

Aft, ASt and AHt were calculated from the measured
potentials and their temperature differentials. The values
in each case were for the transfer of one gram formula weight
of solute from the non-aqueous solvent to a water solution at
the same mole fraction of solute.

The e.m.f. data had an error of about +0.3 mv. which
produced an error in AFt of about one per cent. The esti-
mated error in ASt is +5 entropy units, and in AHt, about
20% for the transfer of NaCl from glycol to water. The
error in ASt and AHtfor the other sets of solutes and solvents
is much larger, and ASt and AHt values obtained presented
only an idea as to the order of magnitude. The reason for
this inexactness in these cases is probably the small number
of experimental measurements made on these systems.

Initial observation of the data for the transfer of NacCl
and KCI from MeOH to water shows that AFt of both is
negative. It is found that the values of KCI have larger
negative values than those for NaCl. The entropy data for
NaCl are found to be positive and of the order of 20 to 30
entropy units. The entropy data for KC1 are too inexact to
make any definite statement about them, other than that
the entropy probably is positive. For NaCl, AHtis opposite
in sign to AFt.

The data for the transfer of KCIl and NaCl from glycol to
water cover a wider concentration range than do the data for

(9) C. P. Smyth and W. S. Walls, 3. Am. Chem. Soc,, 63, 527, 2115
(1931).

(10) J. Vogel, “Textbook of Practical Organic Chemistry,’* Long-
mans, Green and Co., London, 1951, p. 16S.

(11) R. A. Robinson and R. Il. Stokes, “Electrolyte Solutions,”
Academic Press, New York, N. Y., 1955, p. 191.

Thermodynamic Properties of NaCl and KCI1 Transfer from MeOH to H2D e

Table |
Electromotive Force Data. 'Transfer of Sodium Chlo-

ride from Methanol to Water

=T = 25°— =T = 30° . T = 35°-—-
Nt X 10» Et, v Nt X 10» Et, v. N, X 10» Et, v.
0.5011 0.1941 0.5033 0.1965 0.5027 0.2036
.9984 .1876 1.007 .1895 1.004 .1936
1.003 .1861 2.997 .1789 2.989 .1838
2.494 1749 3.006 1797 4.799 1779
3.015 1733 £.020 1742 5.938 1764
5.005 1691 6.023 1721
5.991 1667

Transfer of Potassium Chloride from Methanol to

W ater
0.4958 0.2411 0.5044 0.2429 0.5024 0.2424
.9922 .2175 1.004 .2197 1.006 .2321

Transfer of Sodium Chloride from Ethylene Glycol
to Water

Ni XAO» 3Et, mv.
0.05008 61.87
.05022 60.41
.1001 55.10
1011 56.28
.3001 50.46

.5020 48.27

0.05012 59.31
.05018 58.16
.09972
.1009 52.57
.3000 48.32
.5002 45.19

0.05060 56.92
.1028 50.80
.2550 46.78
.3037 46.52
.5019 43.44
.7543 41.55

1.001 40.53 .5043 45.90 .5083 48.38
1.018 41.11 7537 44.00 .7532 45.88
1.303 40.00 1.025 42.69 1.003 44.37
1.501 39.27 1.309 41.32 1.307 43.34
1.880 37.50 1.503 40.03 1.509 42.49
2.504 36.53 1.879 38.94 1.870 40.16
4.005 34.53 2.523 37.10 2.506 38.96
4.045 35.90 2.518 39.77

4.001 37.70

Transfer of Potassium Chloride from Ethylene Gly-

col to Water

0.05150 53.45
.09991 48.20
.3001 43.89
.6951 41.16

0.05106 54.55
.09989 50.43
.3010 46.65
.6951 43.40

0.05041 50.17
1017 46.76
.2995 42.49
.7013 38.54

1.089 37.76 .7058 41.40 1.089 41.17
1.090 37.88 1.087 38.52 1.977 38.60
2.018 35.00 1.969 37.72

the transfer of alkali metal chlorides from MeOH to water.
The negative free energy of transfer for KCI is slightly less
than that given for NaCl. ASt for theNacCl is positive and
of the order of 10 entropy units. Similar data for KC1 are
also positive, and the magnitude is about the same as for

NaCl. AHtfor both solutes is opposite in sign to AFt and
larger in absolute value. AFt values increase with tempera-
ture.

Use of the same solute, except for the transfer from dif-
ferent non-aqueous solvents to water, shows that AFt for
MeOH is 3 to 4 times larger than the same quantity for the
glycol transfer. The glycol transfer also gives a much
smaller change in entropy. The enthalpy change for the
glycol transfer is possibly smaller than for the MeOH trans-
fer; however, the data are not accurate enough to make any
definite comparison between the two transfers.

If AFtis plotted as a function of the square root of the
mole fraction, the resulting curve in each case is a straight
line. This holds in the concentration region 0.0005 to
about 0.008 mole fraction unit. The slopes of these curves
appeared to be independent of temperature over the narrow
temperature range studied. The slopes are given in Table
1.
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Discussion

The process shown in equation 1 might be treated
by three approaches: (1) the ideal solution ap-
proach, (2) the solubility approach, (3) the solva-
tion approach.

Ideal Solution Approach.—The steps in this ap-
proach might be illustrated in the manner

MCI / Ideal
MCI1 / non-agueous\ — > ( non-aqueous
\ aoln. / \ soln.

MCI1 /ideal \
| water J— > MCI / water\
\soln. / (soln. J

The free energy change for each step can be found
and, in adding these, there would result

AFt = AFb + 2RT\n'%3 (3)

where AFt° is the free energy of transfer of the salt
from the ideal non-aqueous solution, where the
activity coefficient is equal to one, to the ideal water-
solution, where the activity coefficient is also equal
to one. /2and/2 are the activity coefficients of the
salt in the real water and non-agueous solutions,
respectively. The free energy at extreme dilution
is equal to AFt°. This value is free of any influence
of interionic effects, and it gives a measure of the
interaction between the ions and the solvents.

In order to obtain a simple expression for AFt in
terms of the mole fraction of the two solutions, the
Debye-Hiickel2 limiting expression for the activ-

ity coefficient was used along with (3). This pro-
duced an equation
AFt = AFt° + fcivA (4)

which is the “limiting law” for the transfer process.
In equation 4

5.280 X 10s r/
T'A

d'/Dn VA

LUi'iVi + MM

/ d/D3 vin
AMINI + MJ J

where d, D and ill are the density, dielectric con-
stant and molecular weight, respectively. The
symbol ' represents the values for the non-aqueous
case. 1and 2 are used to designate values for the
solvent and solute, respectively. Equation 4 shows
that AFt as a function of A+A should be a straight
line over the concentration region where the
Debye-Hiickel theory holds. This would not be
expected to cover avery large concentration region.
However, it was found that straight lines do rep-
resent the data adequately up to V2 0.008 in
glycol and up to V2~ 0.007 in MeOH. From
Table Il the calculated k is found to be of the same
order of magnitude as the experimental value of
k. Araicd IS greater than kexpt in each case.

Table Il
Values op the Slope op the Equation AFt = AftO +
8calcT* Soqt-
Methanol-water 15.32 X 103 NaC18.7 X 103
Ethyleneglycol-water 7.30 X 103 NaC15.1 X 103

KC1 5.3 X 10s

(12) H. S. Harned and B. B. Owen, “The Physical Chemistry of
Electrolytic Solutions/' 2nd Edition, Reinhold Publ. Corp., New York,
N. Y., 1950, pp. 189 ff.
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An empirical value of AFt°is found to be needed in
order to aid in the explanation of the phenomena.
This quantity might be obtained in three ways:
(1) by an extrapolation of the data to N2 = 0; (2)
by using the extended form of the Debye-Hiickel
theory and the data for the lowest concentration;
and (3) by using the limiting form of the theory and
the same piece of data. The three values of AFt°
found for each set of data agree within 3 to 4%.
An average value of AFt° was obtained (see
Table I11).

The best way to obtain a better value of AFt is
to make very accurate measurements in very dilute
solution. With present experimental methods,
this cannot be done.

A relation can be obtained between E t°, the stand-
ard electrode potential of transfer, and e- and
e o, the standard electrode potentials in both the
aqueous and non-aqueous solutions, respectively.
This relation is

Elo= _ Ed _ in MI’

Mi
Q is Faraday’s constant. Thus, if the standard
electrode potentials are known for a reaction both in
water and in the non-aqueous solvent, Et°, AFto can
be determined. This method has been used pre-
viously to calculate AFt046

Solubility Approach.—In this treatment the
process can be carried out by

MCI1 / non-aqueous\
\ soin. J

MCi(solid) = MClI

The thermodynamic quantities of transfer should
be equal to the difference between the thermody-
namic properties of solution for MCI in water and
those in the non-aqueous solvent. Using the data
of Slansky13 for the heat of solution of NaCl in
in water and MeOH, AHtshould be equal to +2365
cal./mole. The observed value was approximately
+2100 cal./mole.

If the values of the experimental AHt were of
sufficient accuracy, then the heats of solution
could be calculated for the salts in the non-agueous
solvents.

Solvation Approach.—The third approach in-
volves the process

MCI1 / non-aqueous\
\ soln. J

>MC1l(vacuum) 5>-MCt / water\

(sole. J
This process requires two solvation phases with dif-
ferent energy requirements. The ions require
energy when being removed from a solvent and
liberate energy when being placed in a solvent be-
cause of their interactions with the solvent mole-
cules.

Since in this section only the interaction of the
ions with the solvent molecules is being considered,
the free energy, entropy and enthalpy of transfer
are the quantities found at extreme dilution.

The free energy change produced can be studied
by the application of Born’'s theory.4 Born's
theory gives a mathematical expression with several
limitations for the free energy change for the
transfer of an ion from a vacuum to a solvent with a

(13) C. M. Slansky, J. Am. Chem. Soc., 62, 2430 (1940).

(14) G. Kortum and J. O'M. Bockris, “Textbook of Electrochemis-
try,” Vol. I, Elsevier Publishing, Co., New York, N. Y., 1951, p. 56.



Jan., 1961

dielectric constant D. The expression for this
change is

iVze2 / 1\
2T [1 ~ D)

where r is the radius of the ion, ze is the charge on
the ion, and N is Avogadro’s number. The total
free energy change for the 1:1 solute transfer would
be

AF" = "

ar*- sSj (b - (4

According to equation 5 the free energy of transfer,
exclusive of any interionic effects, should be equal to
the quantity on the right-hand side of the equation.
If D is greater than D', which is normally the case,
then the total free energy change represented by
equation 5 is a negative quantity. Born’s equation
also implies that as the radius of the ion is increased
the negative free energy of transfer of the ion
should decrease.

The values of AFt° for the transfer of NaCl from
MeOH to water are found to be less negative than
the value for KCIl. This is in accord with the
results which Gurneylbgave. However, this is not
what Born’s theory might predict. The values of
AFt° for the transfer of NaCl from glycol to water
are found to be more negative than the values for
KCI. It then appears that Born's theory is fol-
lowed for the glycol to water transfer.

What is producing this apparent contradiction
between experiment and theory in one case and not
in the other? Before this question can be answered,
a few brief statements should be made concerning
the structure of water and the entropy of solvation.

Several recent authorsl®6 have used what might
be classified as a refined tetrahedral model for the
structure of water. Because of its polar nature the
water molecule is considered to be a quadrupole
with its four charges residing at the corners of an
approximate tetrahedron. This tetrahedral charge
arrangement of a central water molecule controls
the positions of the four neighboring water mole-
cules. By such arrangements being set up through-
out liquid water, a liquid structure of some order is
produced.

When an ion is placed into solution three possible
situations concerning the structure of the water can
arise: first, the structure can be broken down;
second, the structure can be built up or strength-
ened; and third, the structure can undergo no
change. In water at room temperature there are
ions which can perform the first two possibilities,
i.e., cause the structure of water to be built up or
broken down.

GurneyThas given a summary of the experimen-
tal evidence for the order-producing and order-
destroying nature of ions in water. GurneyB8also
presents a model in order to explain this phenom-
enon, in brief: An uncharged particle is placed in
the water; this particle is able to have asmall charge
placed on it and then have this charge increased.

(15) R. W. Gurney, ref. 4, p. 225.

(16) R. S. Robinson and R. H. Stokes, ref. 11, pp. 2 ff.; G. Kortum
and J. O'M. Bockrls, ref. 14, pp. 125 ff.; R. W. Gurney, ref. 4, p.
46 ff.

(17) R. W. Gurney, ref. 4, p. 68 ff.
(18) R. W. Gurney, ref. 4, p. 248 ff.
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While the charge is very small, the field which it
produces will have only a slight effect on the water
molecules; i.e.,, no breaking or bending of solvent
bonds takes place. The charge on the particle is
increased slowly, and at a certain value the solvent
molecules which are near the particle find their
solvent bonds broken. At this stage the molecules
are easily disturbed by thermal motions since
neither the ion nor neighboring water molecules
have enough control to hold them in place. As the
charge is increased further, the solvent molecules
orient themselves properly around the charge
particle and produce order. The first stage, where
the charge is so small that it has only a slight in-
fluence on the solvent molecules, has not yet been
found to occur with ordinary ions. The second
situation, where neither the ion nor the neighboring
solvent molecules have the dominant influence on a
particular solvent molecule, is considered to be the
order-destroying ion. In water, large ions, such as
Cs+ and Br~, are found to be of the order-destroy-
ing type; and small ions, such as Li+ and Na+, are
of the order-producing type.

The order-producing, crder-destroying nature of
ions in non-aqueous solvents is not too well-known.
An indication of this nature can be obtained from
the change in the viscosity of the solvent after dis-
solving the solute in the solvent. If the viscosity is
increased, the solute particles have an over-all order-
producing effect; if the viscosity is decreased, the
solute particles are considered to have an over-all
order-destroying effect.

In the derivation of Born’s equation no considera-
tion was given to the order-producing, order-
destroying nature of ions on the solvent. As
Gurney points our in his discussion of the transfer of
the alkali chlorides from MeOH-water mixtures to
water1 this effect can account for the inconsist-
ency between the experimental values of the free
energy of transfer and the values obtained from
the Bom theory. If the ions in the non-aqueous
solution are order-destroying, then an increase in
entropy will take place curing the transfer of ions
from the non-aqueous solution to the aqueous solu-
tion. Previously it was shown that such a process
occurred with a negative free energy change; thus
by

&Ft> = AHt® - TASS (6)

an increase in entropy means a corresponding in-
crease in the negative free energy. Therefore, in
order to understand fully the transfer process,
some knowledge of both the entropy and the free
energy of transfer is needed.

Since this research deals with a process that oc-
curs in liquids, there is only a slight change in the
volume of the system. This situation makes the
total energy release or absorption approximately
equal to the enthalpy of transfer. By equation 6
it is seen that AHt°is a function of AFt° and AStOor
it is a function of the potential energy of the system
and the order-producing, order-destroying nature
of the system. If the A/St° is a large positive quan-
tity, then AHt’ can have a sign opposite to that of
AFt.

In order to apply the above ideas to the experi-
mental values of AFt°, the free energy might be
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divided into two parts: (1) the Born free energy of
transfer, AFb and (2) the configurational free
energy of transfer, AFC In other words

AFt = AFb + AFo

AFb is calculated by using equation 5. AFc is
obtained by subtracting AFb from the empirical
value of AFt’. These results are shown in Table I11.

Table Il

T hermodynamic D ata

Free energy, cal./mole
Methanol-water Ethylene glycol-water

AFb AFT AFo AFb AFt° AFo
Nacl -3220 -4700 -1500 -2470 -1380 + 1090
Kci -2930 -5600 -2700 -2250 -1300 + 950

Entropy, e.u./mole
Methanol-water Ethg/lene glycol-water

Asb Ast ASa AS Ast ASo
Nacl +20.2 +30 +10 + 14.8 +10 -5
KC1 +18.3 7 ? + 13.4 + 10 -3

It should be noted that for these calculations the
values of ionic radii given by Latimerl9were used.
The errors involved in using these values are
realized, but in this treatment only an approxima-
tion need be used.

It is seen that the AFc for the MeOH case is
negative and for the glycol positive. This indicates
that if all the solvents had the same dielectric con-
stant, a transfer would occur in the first case, but
not in the other. The structure effects in glycol
are not favorable for a transfer of ions to water.
This is not the case, however, for MeOH. By vis-
cosity studies, certain ions which are order-destroy-
ing in water are found to be order-producing in
MeOH. This indicates that MeOH is a less ordered
solvent than water. lons appear to favor going
from a situation where they are producing order to
one where they are order-destroying. It would then
appear that glycol is a more ordered solvent than is
water because, based on AFc alone, no transfer
would occur.

This argument might be extended to ASt®° where
this thermodynamic quantity may also be divided
into two parts, A$Band A'SC The Born entropy of
transfer can be obtained by using the empirical
equation®

D = Daexp(—(T/V)) (7)

which relates the dielectric constant of a solvent to
temperature. Equation 7 uses two constants DOand
v which are dependent on the nature of the solvent
only. Ao is finally calculated by using the equa-
tion

(19) W. M. Latimer, Chem. Revs., 18, 350 (1930).

(20) R. W. Gurney, ref. 4, p. 16.
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dAFb  Ne2( 2 1 \/rM+ rci\
Abb - dr - 2 \wD VvDJV rMci /

Table 111 gives ASB, AISt°and ASe. The values for
A<Cin the MeOH transfer are positive as would be
expected. The values for the glycol case are nega-
tive even though the over-all value, ASt°, is positive.

From these considerations a relative order as to
the structure of the solvents might be assigned

methanol < water < ethyl