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THE ELECTRICAL CONDUCTIVITY CHANGE CAUSED BY THE 
CHEMISORPTION OF HYDROGEN ON ZnO, ZnOCr20 3 AND ZnO-MoO,

B y  Y u t a k a  K t j b o k a w a  a n d  O samtj T o y a m a

Department of Applied Chemistry, Naniwa University, Sakai, Japan 
Received February 9, 1955

The electrical conductivity change caused by the chemisorption of hydrogen and the rate of chemisorption have been 
measured with ZnO (not sintered), ZnO (sintered), ZnO (evaporated), ZnO +  1 mole % AI2O3, ZnO +  1 mole % Li20, ZnO 
O 2O3  and ZnO-MoOa. In all cases examined, the chemisorption of hydrogen caused an increase in conductivity which 
was reversible. Chemisorption rate curves show in most cases two types of chemisorption, one predominating at high 
temperatures and the other at low temperatures. It is concluded from comparison with the conductivity curves that the 
chemisorption of high temperature type is solely responsible for the observed increase in conductivity. The analysis of the 
conductivity curves gives about 25 kcal./mole as the activation energy of chemisorption of this type, nearly constant for all 
adsorbents.

Introduction
Taylor and his co-workers found hi their earlier 

work1 two types of chemisorption of hydrogen on 
zinc oxide which, lately, they have confirmed by 
observing the desorption-readsorption phenomena2 
at varied temperatures. Nevertheless, the natures 
of these two types of chemisorption are not yet 
clear. The present study was undertaken to ob­
tain any clue to the problem which might be found 
by measuring the electrical conductivity change of 
the adsorbent caused by chemisorption; the ap­
proach along this line, e.g., in the work by Garner, 
et al.,3 on copper oxide, appeared to be promising. 
The rate of chemisorption of hydrogen, as well as 
the electrical conductivity change by chemisorption, 
has been measured on zinc oxide, zinc oxide- 
chromic oxide, zinc oxide-molybdenum oxide and 
zinc oxide containing lithium and aluminum oxides 
which are know n to vary the electrical conductivity 
of zinc oxide. This paper presents the summarized 
results. Detailed accounts of the work will be 
given elsewhere.4 *

Experimental
Materials. Zinc Oxide.—Zinc oxalate was precipitated 

from the solutions of ammonium oxalate and zinc nitrate.
(1) H. S. Taylor and D. V. Sickman, J. Am. Chem. Soc., 54, 602 

(1932); H. S. Taylor and C. O. Strother, ibid. , 56, 586 (1934).
(2) H. S. Taylor and S. C. Liang, ibid., 69, 1306 (1947).
(3) W. E. Garner, T. J. Gray and F. S. Stone, Discs. Faraday Soc., 

8, 246 (1950); Proc. Roy. Soc. (London), A197, 314 (1949).
(4) For a preliminary work carried out on zinc oxide alone, cf.

Y. Kubokawa and O. Toyama, Bull. Xantica Univ., A2, 103 (1954).

The precipitate was washed, filtered and dried at 113°, con­
verted to the oxide by hearing in air at 400° and sintered 
at 520° for 5 hours.

Zinc Oxide (Sintered).—Pure ZnO described above 
(before sintering at 520°) was sintered at 900° for 4 hours.

Zinc Oxide (Evaporated).—Zinc was evaporated on a 
glass plate and oxidized as described by E. Mollwo. 6

ZnO +  1 mole % A120 3 and ZnO +  1 mole % Li20 .—A 
solution containing a desired amount of aluminum or lithium 
nitrate was impregnated with pure zinc oxide described 
above (before sintering at 520°), dried at 110° and sintered 
at 530° for 5 hours.

Zn0-Cr20 3.—This was prepared from zinc nitrate and 
ammonium chromate by the method described by Taylor 
and Strother. 1

ZnO-Mo03.—The preparation from ammonium para- 
molybdate and zinc nitrate was the same as that described 
by Taylor and Ogden, 6 except that zinc paramolybcate was 
decomposed in air at 150-200° in this study.

Gases.—A 30% solution of potassium hydroxide was 
electrolyzed to obtain hydrogen, which was purified by passing 
through palladium asbestos and phosphorus pentoxide. 
Nitrogen was prepared by the thermal decomposition of 
sodium azide, and purified by passing through phosphorus 
pentoxide. Pure helium was obtained from commercial 
sources, and was used without further purification.

Procedures.—Each specimen of the adsorbent for electri­
cal conductivity measurement was, exclusive of evaporated 
film, shaped by compression into a cylindrical form 1 0  mm. 
long and 5 mm. in diameter. The use of too strong a pres­
sure in shaping was avoidec in order to prevent the adsorb­
ent conditions from being very different from those in chem­
isorption rate measurements; the apparent density of the 
specimens used was of the order of 20-30% of the bulk. 
The specimen was held between two platinum electrodes

(5) E. Mollwo, Ann. Physik, 6] 3, 230 (1948).
(6) H. S. Taylor and G. Ogden, Trans. Faraday Soc., 30, 1178 

(1934).
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and put in a holder with a spring which secured the rigid 
contact between the specimen and the electrodes. The 
whole entity was placed in a glass vessel which was con­
nected with the vacuum system and manometer. In the 
case of an evaporated film, the nickel evaporated only on 
both ends of the glass plate prior to the evaporation of zinc 
served as electrodes. Conductivity was measured either 
by means of a Wheatstone bridge or by reading the current 
intensity at constant voltage of direct current. Tempera­
ture rise of the specimen was avoided by keeping the current 
through the specimen below 10 ma. In this range Ohm’s 
law was found to be approximately obeyed. Preceding a 
series of conductivity measurements on a particular specimen, 
alternating evacuation and exposure to hydrogen at 400° 
were repeated, until reproducible results were obtained.

The rate of chemisorption was investigated with an or­
dinary apparatus of constant volume. Except in the case 
of ZnO MoOs, pressure differences were read with a cathe- 
tometer to ±0.02 mm. Hg, corresponding to the accuracy 
of the amount adsorbed, ±0.01 cc. The adsorbents were 
subjected to a pretreatment similar to that in the above- 
mentioned conductivity measurements. Dead space of the 
adsorption apparatus was measured either with nitrogen or 
helium in the usual manner. In both conductivity and 
chemisorption rate measurements the whole system was 
evacuated at 420° for 3 hours between each run. An oil- 
bath was used for temperatures up to 200° and an electric 
furnace for higher temperatures, the constancy of tempera­
ture being ±1°. Surface area of the adsorbent was deter­
mined by the B.E.T. method using nitrogen as an adsorbate.

Results and Discussion
For all the adsorbents examined in this study the 

conductivity change on the admission of hydrogen 
was reversible; by evacuating the vessel at 420° 
after each run, the conductivity was always brought 
back nearly to the original value. This indicates 
that the observed changes in conductivity were not 
due to the reduction of oxides by hydrogen but 
to the chemisorption of hydrogen on these adsorb­
ents. The results of conductivity measurements 
are shown in Figs. 1-4. The conductivity change 
was insignificant below a specified temperature,

Fig. 1.—Conductivity-time curves for ZnO; pressure, 
32-30 mm.

e.g., 80° for zinc oxide and 110c for zinc oxide (sin- 
tered), while at higher temperatures the conductiv­
ity increased steadily for all the adsorbents with a 
rate increasing with temperature as seen in the 
figures.

Fig. 2.—Conductivity-time curves for ZnO (sintered); 
pressure, 65-60 mm.

Fig. 3.—Conductivity-time curves for Zn0Cr203; pres­
sure, 30 mm. The initial conductivity before the admission 
of hvdrogen was as follows: 1.0 X 10~s S2-1 at 217°, 0.4 X 
10~8i2_1 at 184° and 1.5 X 10~8 Q-1 at 146°. The data at 
146° refer to a sample of different treatment.

The rate of chemisorption was measured at vari­
ous temperatures and pressures on all the adsorb­
ents used for conductivity measurements, exclusive 
of zinc oxide (evaporated). Some of the results 
obtained are given in Figs. 5-7 to show the rela­
tion of chemisorption to conductivity change. The 
kinetics in detail are to be given elsewhere. On 
zinc oxide (sintered), as shown hi Fig. 5, the rate 
and amount of hydrogen uptake decreased up to 
110°, but increased again at higher temperatures. 
This is to be compared with the results of conduc­
tivity measurements on the same adsorbent given 
in Fig. 2, where the conductivity increase was 
recognized at temperatures higher than 110°. It 
may therefore be concluded that two different types 
of hydrogen chemisorption exist on zinc oxide "(sin­
tered) : one with a lower heat of adsorption appearing 
at lower temperatures and the other with a higher
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Fig. 4.—Conductivity-time curves for ZnOMo03; 
pressure, 18 mm. The initial conductiviy before the admis­
sion of hydrogen was as follows: 5.81 X 10-4 S2_I at 265°, 
4.40 X ID“4 S2“1 at 235° and 2.89 X 10~4 at 201°.

Fig. 5.—Rate of adsorption on ZnO (sintered); initial 
pressure, 34-30 mm.; surface area, 1.3 m.2/g.; weight of 
adsorbent, 60.21 g.

heat of adsorption and with a higher activation 
energy predominating at higher temperatures. It 
may be further concluded that chemisorption of the 
high temperature type is responsible for an increase 
in conductivity, while that of the low temperature 
type bears little effect on conductivity.

For zinc oxide not sintered the adsorption rate 
curves are complex and the two types of chemisorp­
tion are not clearly discriminated. It is most 
probable, however, that the same correlation be­
tween conductivity and high temperature chemi­
sorption exists in this case too, for a marked in­
crease in conductivity appeared, as shown in Fig. 
1, only above 80°, whereas the chemisorption ex­
tended to a much lower temperature range, in ac­
cordance with the results previously obtained by 
other workers.1

Two types of chemisorption of hydrogen are 
also recognized in Fig. 6, which shows the adsorp­
tion rate curves obtained on Zn0 Cr20 3. The ap-

Fig. 6.—Rate of adsorption on Zn0Cr203; initial pres­
sure, 64-60 mm.; surface area, 28 m.2/g.; weight of ad­
sorbent, 12.37 g.

Fig. 7.—Rate of adsorption on ZnOMo03; initial pres­
sure, 55 cm.; surface area, 13 m.2/g.; weight of adsorbent, 
21.83 g.

parent activation energy of adsorption computed 
from required times for a definite amount of adsorp­
tion was about 7 kcal. in the range 0-80°, 13-16 
kcal. above 140°, and was negligibly small between 
80 and 110°.7 Figure 3 shows that conductivity 
increased on this adsorbent at temperatures higher 
than 140°. Hence the correlation between the 
conductivity and the high temperature chemisorp­
tion here again is evident.

(7) Taylor and Strother investigated the hydrogen adsorption 
on the same adsorbent with considerably different results frcm the 
present work; the adsorption rate monotonously increased with 
temperature up to 200°, with an activation energy of 3-4 kcal. in the 
temperature range 80-200°. The reason for the difference is not yet 
clear.
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On ZnO-Mo03 hydrogen chemisorption was rec­
ognized only at temperatures higher than 180°. 
Rate curves at 225-300° are shown in Fig. 7. 
Conductivity increase was also observed in the same 
temperature range as shown in Fig. 4. Hence the 
correspondence between the chemisorption and the 
conductivity change is very simple and clear in this 
case. Presumably, the observed chemisorption 
consisted almost solely of the high temperature 
type in this case, the contribution of the low tem­
perature type being negligibly small. For this 
adsorbent, the Zeldovich equation8 was applicable 
to the earlier stages of the chemisorption rate 
curves. The activation energy calculated from 
the initial rates determined by this equation was 
found to be 28 kcal.

Except in the last-mentioned case of ZnO-Mo03, 
the activation energy of chemisorption responsible 
for the conductivity change cannot be directly ob­
tained from the chemisorption rate curves, since 
both types of chemisorption are overlapping in 
them. The activation energies may, however, be 
estimated from the conductivity measurements in 
the following manner. We consider here, for sim­
plicity, only the initial stage of the conductivity 
change. Denoting the initial rate of the conduc­
tivity increase and that of the chemisorption by 
(d/c/di)o and (dn/di)o, respectively, we have

(dn/di)o =  (d»/d/i)0 X (dit/di)o 
The temperature dependence of (d«/dn)o may be 
approximately represented by

(d«/d/?.)o = const, exp ( —E i/ R T )

The activation energy of chemisorption E  is there­
fore given by

E  = E 2 — E i

where E2 is the activation energy of the conductiv­
ity increase in the initial stage. Actually, except 
in the case of Zn0-Cr20 3, the conductivity-time 
curves were well represented by the parabolic rate 
law k — ko +  ky/l in the earlier stages and E2 was 
determined from the temperature dependence of 
k2 since d*/d( =  1/2k2/AK. i?i was approximately

(8) Ya. Zeldovich, Acta Physicochim. ( U.R.S.S.), 1, No. 3/4, 449 
(1934); H. A. Taylor and N. Thon, J. Am. Chem. Soc., 74, 4169 
(1952).

evaluated from the temperature dependence of the 
conductivity in the evacuated state. The results 
thus obtained are given in Table I, and show a 
roughly constant value of E  for all adsorbents, in 
spite of the marked dispersion in E\ as well as E2.

The value of E  =  25 kcal. for ZnO-Mo03 in Table 
I is checked by the approximate agreement with 
28 kcal. obtained directly from chemisorption rate 
measurements on the same adsorbent. As another 
test on the reliability of the activation energies ob­
tained above, some experiments were carried out 
at various pressures of hydrogen, with the results 
given in Table II, which show but little pressure 
effect.

T a b l e  V

V a l u e s  o f  E i, E , an d  E  f o e  V a r io u s  Spe c im e n s

Adsorbent
Ei

(kcal./
mole)

Ei
(kcal./
mole)

E
(kcal./
mole)

ZnO 26.0 1.7 24.3
ZnO (sintered) 25.8 0.1 25.7
ZnO (evaporated) 24.0 0.1 23.9
ZnO +  1 mole % A1203 24.8 0.3 24.5
ZnO +  1 mole % Li20 31.0 6.5 24.5
ZnO-MoOa 30.0 5.2 24.8
“ The activation energy of conductivity for ZnO-CroCh 

was found to be so much influenced by hydrogen chemisorp­
tion that reliable values of E i and, consequently, of E  
were not obtained for this adsorbent.

T a b l e  I I
V a l u e s  o f  E  f o b  E x p e r im e n t s  a t  V a r io u s  P r e ssu r e

Adsorbent
Pressure,

mm.
E,

(kcal./mole)
ZnO 10-12 2 5 .0

30 -3 3 2 4 .3
ZnO 1 mole % AI2O3 18-20 2 4 .4

3 6 -3 9 2 4 .5

Further study must be made to elucidate the
nature of chemisorption responsible for the con­
ductivity change as well as the effect of added sub­
stances.
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Hydrogen overpotential, y,  at e.ectrodeposited Ni cathodes has been measured, under pure conditions, in aqueous HC1 
solutions (0.01-0.5 N ) .  Measurements have been carried out in the current density range 10_6-10~1 2 a. cm.“2 Two Tafel 
line slopes of bi = 0.053-0.063 v, (at the low current density range) and b2 = 0.105-0.119 v. (at the high current density 
range) are obtained for the linear logarithmic section of the Tafel line. At lower current densities, dissolution of Ni inter­
feres with the overpotential resuhs. The effect of temperature on y is studied for 0.01, 0.1 and 0.5 N  aq. HC1 solutions 
between 25-55°. The heat of activation, AH 0*, at the reversible potential is calculated using two methods: (i) the method 
employing d log i 0/ i> (l/ T ) where % is the exchange current, and (ii) the method using (c)y/£>T)i. The results obtained by 
the first method are found to oe more reproducible than those obtained by the second method. Attempts to fit the results 
of electrodeposited Ni within the framework of the mechanisms, previously suggested for hydrogen evolution on Ni, have 
not been successful. For this reason a dual electrochemical catalytic mechanism is suggested to account for the lower slope 
b\. The higher slope, b,, is accounted for by a simple mechanism.

Introduction
Recent advances in the technique of hydrogen 

overpotential measurements,1 have made it pos­
sible to determine, with certainty, parameters such 
as slope, exchange current, stoichiometric and elec­
tron numbers2 which are important criteria for es­
tablishing the mechanism of the cathodic hydrogen 
evolution reaction. Existing evidence1 points out 
to the fact that the mechanism of the above reac­
tion is dependent, among many other factors, on 
the nature of the electrode-solution interface and 
consequently on the nature of the electrode surface.

Few studies3 have been carried out on the hydro­
gen overpotential of electrodeposited electrodes, 
whereas wire electrodes have attracted much at­
tention. The aim of the present investigation is to 
report on the behavior and characteristics of the 
Tafel lines on electrodeposited Ni cathodes.

Previous work on Ni, in the wire form, has been 
carried out by Frumkin and co-workers4 5 and also by 
Bockris and Potter.6 The results of Frumkin and 
co-workers correspond to a mechanism in which the 
reaction is controlled over part of the electrode by a 
discharge step and over the remaining area by the 
recombination of atomic hydrogen. Bockris and 
Potter’s results indicate a rate-determining dis­
charge reaction followed by atomic hydrogen re­
combination. At high current densities a decrease 
in the rate of the recombination reaction, relative 
to that of the discharge step, is suggested by the 
authors.

Experimental Procedure
Electrolytic Cell.—The cell was similar to that of Bockris 

and Potter,6 and a diagram of it is shown in Fig. 1. It 
consisted of three compartments: the anode compartment 
A, the cathode compartment B and the hydrogen electrode 
compartment C. A sintered glass disc D was inserted be­
tween A and B to minimize the diffusion of gaseous anodic 
products toward the cathode. The anode E was in the 
form of a platinum disc, with an area of 1 cm.2. On top of 
the cathode compartment B, were fixed two barrels of hypo-

(1) J. O’M. Bockris, Chem. Revs., 43, 525 (1948).
(2) J. O’M. Bockris and E. C. Potter, J. Electrochem. Soc., 99, 169 

(1952).
(3) J. O’M. Bockris and R. Parsons, Trans. Faraday Soc., 44, 860 

(1948); W. Senett and C. Hiskey, J. Am,. Chem. Soc., 74, 3754 (1952).
(4) P. Lukovzew, S. Lewina and A. Frumkin, Acta Physicochim. 

U.R.S.S., 11, 21 (1939).
(5) J. O’M. Bockris and E. C. Potter, J. Chem. Phys., 20, 614

1952).

dermic syringes F, which enabled the electrodes to be lowered 
into the solution in B, without allowing any leakage of at­
mospheric oxygen into the cell. One of the two electrodes 
(both joined to the pistons of the syringes) was used for pre­
electrolysis, while the other was used as a test electrode. 
A platinized platinum hydrogen reference electrode in the 
same solution was used as a reference. Electrical contact 
between the reference electrode and the polarized cathode 
was made through a Luggin capillary G, with an internal 
diameter of 1 mm. Purified hydrogen was introduced into 
the cell through H and was divided between the compart­
ments A, B and C. Hydrogen was allowed to escape to the 
atmosphere through three bubblers I, filled with conduct­
ance water. An exit J at the bottom of the cathode com­
partment was used to empty the cell when required. The 
electrolytic solution was introduced into the cell through K. 
In doing so, the anode compartment was separated from the 
rest of the cell by closing the adjacent taps, and the com­
partment was completely filled with the solution. This was 
followed by bubbling purified hydrogen into the solution in 
A for three hours, to minimize the amount of dissolved oxy­
gen,8 before the solution was divided between A and B. 
The compartments B and C were previously washed and 
completely filled with conductance water and then emptied 
with a stream of purified hydrogen. The cell was made of 
arsenic-free glass, technically known as “Hysil.” All taps 
and ground glass joints were of the water-sealed type. After 
each run, the cell was cleaned with a mixture of Analar 
H N O 3 and Analar H 2S O 4 followed by washing with equilib­
rium and conductance water.

Purification of Hydrogen.—Cylinder hydrogen was puri­
fied from 02 by reduced copper furnaces at 450°, from C02 
by soda lime, from CO by “Hopcalite” (Mn02, CuO)7 at 
room temperature, and was then dried. The purification

(6) With this simple method, no oxygen depolarization was detected 
in the results.

(7) G. Schwab and G. Drikos, Z. physik. Chem., 185A, 405 (1940).
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apparatus was made of “Hysil” glass. Connections with 
the cylinder were made with a polythene tube. A movable 
glass bridge was used to connect the purification apparatus 
with the cell.

Electrode Preparation.—Electrodeposition of Ni was 
carried out using the method of Fresenius and Bergmann.8 
The plating bath had the following composition: 30 g. of 
NiS04, 10 g. of (NH4)2S04, 150 cc. of conductance EUO and 
100 cc. of coned. NH4OIi. “Analar” grade reagents were 
used. Electrodeposition was carried out, at a current 
density of 1 ma. cm.“2, on a platinum substrate sealed to 
glass. The apparent surface area of the electrode was 0.8 
cm.2. The electrode was thoroughly washed with equilib­
rium water, followed by conductance water, and was then 
immediately introduced into the cell. The pre-electrolysis 
electrode as well as the test electrode were simultaneously 
prepared and cleaned in the above manner.

Solution Preparation.—HC1 solutions were prepared from 
the constant boiling acid by addition of the appropriate 
amounts of conductance water. The constant boiling acid 
was prepared by a three-stage distillation of a mixture of 
Analar grade HC1 and conductance water in an all glass 
(Hysil) apparatus. Only the middle fraction of the third 
stage distillate was used for the solution preparation. The 
distillation apparatus was cleaned with a mixture of Analar 
HN03 and Analar H2S04, followed by washing with equilib­
rium and conductance water and was finally steamed. All 
conductance water used had a specific conductivity of 9 
X 10“7 ohm-1 cm.“1.

Pre-electrolysis.—For the electrolytic purification9 of the 
solution a pre-electrolysis electrode of the same material as 
the test electrode was used. The adequate conditions, 
current density and time, of pre-electrolysis were deter­
mined by trial and error. Sufficient pre-electrolysis was 
attained when further increase of the extent of pre-electroly­
sis did not cause more than ±10 mv. change in the overpo­
tential at any current density between 10“6and 10“2 a.cm.“2 
on electrodeposited Ni. Pre-electrolysis was performed 
at 10“2 a.cm.“2 for about 20 hours. With these conditions, 
reproducible results (within ±10 mv.) were obtained in all 
concentrations studied.

Measurements.—After each run, the cell was cleaned as 
stated above. The electrodes were fixed in their position 
in the cell. The cell was completely filled with conductance 
water and was emptied with a stream of purified hydrogen. 
The HC1 solution was introduced into the compartment A 
(Fig. 1) as indicated above. After dividing the solution 
between the anode and the cathode compartments, the pre­
electrolysis electrode was lowered into the solution in the 
cathode compartment, with a p.d. corresponding to a cur­
rent density of 10“2 a.cm.“2 imposed on it. At the end of 
the pre-electrolytic period, the pre-electrolysis electrode was 
drawn out of the solution with the current still flowing. 
Part of the pre-electrolyzed solution from B was pushed with 
a stream of hydrogen into the compartment C. Hydrogen 
was left to bubble over the platinized platinum electrode 
for about 20 minutes. The test Ni electrode, with a p.d.

(8) H. Fresenius and F. Bergmann, Z. Anal. Chem., 19, 314 (1880).
(9) A. Azzarn, J. O’M. Bockris, B. Conway and H. Rosenberg, Trans- 

Faraday Soc., 46, 918 (1950).

corresponding to a current density of ca . 10“2 a.cm.-2 im­
posed on it, was then lowered into the solution in B. The 
electrode was adjusted to touch the tip of the Luggin capil­
lary G, and the Tafel line was rapidly traced down to 10“6 
a.cm.“2.

The direct method of measurements was used. The cur­
rent was measured with a multirange micro-milliammeter 
and the potential writh a valve potentiometer-millivoltmeter. 
The temperature was kept constant with the help of an air 
thermostat. The current density was calculated using the 
apparent surface area.

Results
For each concentration and temperature studied 

six Tafel lines (on six separate electrodes and in 
six runs) are measured and the mean line is com­
puted. Tafel lines are reproducible within a max­
imum limit of ±  10 mv., at any current density be­
tween 10~2 and 10~6 a.cm.-2 Figures 2, 3 and 4 
show the dependence of the mean Tafel lines on

0.30 

0.25 

-<0.20 

^  0.15 

0.10 

0.05 

0.0
- 0  - 5  - 4  - 3

log c.d.
Fig. 3.—Tafel lines in 0.10 N  HC1.

Fig. 4.—Tafel lines in 0.50 N  HC1

temperature, in 0.01, 0.10 and 0.50 N  aq. HC1 
solutions, respectively. It is clear from these 
figures that Tafel lines on electrodeposited Ni ex­
hibit two slopes in the linear logarithmic region. At 
the lowest current density range, the Tafel lines 
become parallel to the log c.d. axis. At the highest 
current density range, some lines exhibit a bend-up.

The slopes and exchange currents for the linear 
logarithmic sections of the mean Tafel lines are 
calculated by the least square method. The lines
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T a b l e  I
Conen., t

N (°C.) (io)i bi« ori b ((0)2 bi« «2 b
0.01 25 7.9 X 10~7 • 63 0 . 9 4 4.0 X 10“6 105 0.56

35 1.3 X IO“« 60 1.02 7.2 X 10-6 106 .58
45 2.1 X IO-6 59 1.07 1.3 X IO“6 107 .59
55 3.6 X 10“6 58 1.12 2.0 X 10“6 105 .62

0.10 25 5.2 X 10“7 62 0.95 4.5 X 10-6 111 0.53
35 1.0 X 10“6 60 1.02 7.7 X IO“6 110 .55
45 1.5 X 10~6 57 1.11 1.1 x 10-5 106 .59
55 2.3 X IO"6 53 1.23 2.0 X 10“6 106 .61

0.50 25 2.1 X IO“7 61 0.97 3.3 X 10-« 115 0.51
35 3.6 X 10“7 59 1.03 5.2 X 10“6 114 .54
45 7.7 X 10~7 61 1.03 1.1 X 10“6 118 .53
55 1.0 x 10-» 57 1.14 1.8 X IO“5 119 . 55

“ Values are recorded to the nearest millivolt. Values are recorded to the nearest second decimal figure.

shown in Figs. 2, 3 and 4 are plotted accordingly. 
In Table I, the values of bx (at the low current den­
sity range), ò2 (at the high current density range), 
the corresponding values of a (calculated accord­
ing to b =  —2.303 RT/aF) and i0 are given for the 
mean Tafel lines. It is clear from this table that 
(¿ o ) i ,  (¿0)2, ai and a2 numerically increase with tem­
perature.

The heats of activation at the reversible poten­
tial, i.e., (corresponding to the low current
density range) and (AH*)2 (corresponding to the 
high current density range) are calculated accord­
ing to5

ò log icj/ò y  — 2.3037?

The values are given in Table II together with their 
95% confidence limits. AH* has been termed by 
Bockris10 as “ the virtual heat of activation.”

Conen.,
N (Affo*)i

T a b l e  II“
95%
limits (Affo*)o

95%
limits

0 . 0 1 10.0 ±1.0 10.4 ±1.4
0 . 1 0 11.0 ±1.3 9.6 ±1 .4
0.50 11.6 ±0 .4 11.6 ±1.1

“ Values of (Ai/0*)i and (Af70*)2 are given to the nearest 
0.1 kcal.

AH* is also calculated from2
(An/i>T)i = ( A l f 0* +  a -q F )/ a F T  ( 2 )

For this reason two current densities of 3.0 X 10~s
a.cm.-2 (corresponding to the lower linear seg­
ment) and of 9.0 X 10-4 a.cm.-2 (corresponding to 
the higher linear segment) are chosen. (AH*)i (at

T a b l e  III“
Conen.,

N,

t
range
(°C.) (AHOp-

95%limits (Affo*):
95%

j limits
0 . 0 1 25-35 14.2 ±1.6 13.2 ±0.7

35-45 13.0 ±6.2 13.6 ±5.2
45-55 16.7 ±3.5 13.5 ±5.3

0 . 1 0 25-35 14.7 ±8.8 13.2 ±6.5
35-45 11.5 ±1.1 13.1 ±5.1
45-55 13.2 ±2.6 15.3 ±6.2

o .o o 25-35 14.8 ±6.9 12.5 ±3.9
35-45 14.1 ±3.3 13.7 ±0.7
45-55 12.7 ±6.7 12.9 ±4.8

“ Values o f ( a and (& H *)s  are given to the nearest
0.1 keal.

(101 J. O’M. Bockris, Ann. Ra. Phys. Chem., 5, 477 (1954).

3.0 X 10-5 a.cm.“ 2) and (AH *)2 (at 9.0 X  10~4 
a.cm.~2) are calculated using the mean values of a, 
7/ and T in the expression on the right-hand side of 
equation 2. The mean values of (AH*)i and (AH*)2 
are given in Table III together with their 95% con­
fidence limits. From Tables II and III, it is clear 
that the values of AH* calculated using (5 log 
fo /d (l/T )) are more reproducible than those calcu­
lated using (dr]/dT)i.

The effect of HC1 concentration on overpotential 
is studied by measuring Tafel lines in 0.01, 0.05, 
0.10 and 0.50 N  HC1 solutions at 25°. The results 
are shown in Fig. 5.

log c.d.
Fig. 5.—pH effect for electrodeposited Ni cathode at 25°: 

I, 0.01 N  HC1; II, 0.05 N  HC1; III, 0.10 N  HC1; IV, 0.50 N  
HC1.

The effect of substrate on 17 is studied by measur­
ing Tafel lines on Ni electrodeposited on a Ni wire. 
The result is shown in Fig. 6 for 0.10 N  HC1 at 
25°. It is clear from Figs. 2, 3, 4 and 6 that the 
substrate has no effect on the nature of the results 
obtained for electrodeposited Ni.

The electron number, A, defined as the number 
of electrons necessary to complete one act of the 
rate-determining step, is calculated using the ap­
proximate formula2

exp. =  0.05 (3)

where ps is the overpotential at which the Tafel line 
departs from linearity due to the appreciable rate of
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- 6  - 5  - 4  -3
log c.d.

Fig. 6.—Tafel line for Ni electrodeposited on a Ni substrate.

ionization of adsorbed atomic hydrogen. Calcula­
tion of X using the formula2 could not be done, be- 

X = ~(RT/ioF)(bi/dv) ^  o (4)
cause t? becomes constant at the lowest range of cur­
rent densities examined. The mean values of X 
(calculated according to equation 3) are given in 
Table IV, together with their 95% confidence lim­
its.

T a b l e  I V “
Concn.,

N
i(°c.) X

95%
limits

0.01 25 1.2 ±0.2
35 1.3 ±0.2
45 1.5 ±0 .2
55 1.8 ±0 .3

0.05 25 1.3 ±0.2
0.10 25 1.0 ±0.1

35 1.1 ±0.2
45 1.2 ±0.2
55 1.4 ±0 .2

0.50 25 0.7 ±0.1
35 0.8 ±0.1
45 0.9 ±0.1
55 1.0 ±0.1

“ X is given to the nearest first decimal figure.

Discussion
The mechanism of hydrogen evolution at Ni 

cathodes in acid solutions has been given by Bockris 
and Potter5 as a rate-determining slow discharge 
step followed by a catalytic desorption. This

II HI III

Fig. 7.—(a) Energy barriers for the dual electrochemical- 
catalytic mechanism; (b) energy barriers for the electro­
chemical mechanism.

mechanism is distinguished by: (i) a Tafel line
slope of 0.12 v. at 30°, (ii) a value of X equal to 
unity, and (iii) by the fact that t] is independent of 
pH in the concentration range where Stern’s theory 
holds, i.e., in dilute solutions.11 Although most of 
the values of X lie near to unity (Table IV), yet the 
occurrence of two slopes rules out the existence of a 
simple slow discharge mechanism for electrode- 
posited Ni. It must be noted that the values of X 
given in Table IV are only approximate since equa­
tion 3 is an approximate one.

As an attempt to explain the results on electro- 
deposited Ni, the following scheme may be sug­
gested. If at the low current density range the slow 
discharge step is fast, and the two desorptive steps 
(catalytic and electrochemical) have comparable 
speeds, a dual electrochemical-catalytic mechanism 
is rate determining when the rate of the discharge 
step is much greater than the rates of the desorptive 
steps. A similar mechanism has been discussed 
before.12

The condition for this mechanism may be ex­
pressed by

V i -  V 2 »  V 3 =* V  (5 )
where V\ is the rate of discharge, Vi is the rate of 
ionization of adsorbed atomic hydrogen, V3 is 
the rate of the catalytic desorption and Vi is the 
rate of the electrochemical desorption. The en­
ergy barrier for the discharge step, I (Fig. 7a) cor­
responds to that of a reversible process, while the 
barriers II and III for the two desorptive steps are 
far removed from reversibility and of nearly equal 
height. For this reason, the reverse rates of the 
two desorptive steps are neglected in (5). The con­
dition given by (5) can be derived easily when the 
expression for the steady state is taken as: (Fi — 
Vi) =  (Fs — F.) +  (Vi — F6), where Fs and F6 are 
the reverse rates for the catalytic and the electro­
chemical desorption steps, respectively.

The cathodic current Fc is, therefore, propor­
tional to Vs and to F4, In fact F0 may be given by 

Vo —  2 V s  —  2 V 4 (6 )
The rates F3 and F4 (taking a =  0.5; cf. ref. 2) are 
given by

V s = ksX *  (7)
V* -  k , X V H+)d... exp. ( -  (8)

where A<j> is the p.d. between the Helmholtz double 
layer (initial state) and the metal, X  is the fraction 
of the surface covered with adsorbed atomic hydro­
gen and (ctH+)d.i. is the activity of hydroxonium 
ions in the double layer. From (6), (7) and (8), 
one gets

X  =  (k i / h ) ( a H+)d.i. exp. (9)

for the fraction of the surface covered with ad­
sorbed atomic hydrogen as a function of poten­
tial, under the condition given by (5). From (6), 
(7) and (9) and similarly from (6), (8) and (9), the 
cathodic current, i, is given by

i  = const. (an+)2d.i. exp. p p j  (10)

(11) S. A. Jofa, Acta PhysicochimU.R.S.S., 10, 903 (1939).
(12) A. Frumkin, P. Dolin and B. Erschler, ibid., 13, 779 (1940); 

B. Conway, Ph.D. Thesis, London, 1949; I. A. Ammar and S. A. 
A wad, J. Electrochem. Soc., in press (1956).
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with the result that the Tafel line slope, at constant 
(a H +)d .i., becomes

(2>A4,/d log i )  = -  2 M 3 R T . = -0.06 v. at 30°

Equation 9 indicates that X  increases with in­
crease of cathodic polarization till a maximum 
value of X  very near to unity is reached, after which 
Vs remains constant while V4 increases with in­
crease of cathodic potential (cf. equations 7 and 8). 
A condition will, therefore, be reached when V4 »  
V3 (cf. Fig. 7b, where II represents the barrier for 
the electrochemical desorption), and the over-all 
rate is then governed by the simple electrochemical 
mechanism, with a Tafel line slope of 0.12 v. at 
30°, at high cathodic polarization.2 It must be 
noted that the increase of X  may not affect the rate 
of the discharge step, if it is assumed that this reac­
tion takes place on adsorption sites different from 
those responsible for the desorption reactions. This 
assumption is reconcilable with the views of Hori- 
uti and Polanyi.13

The pH effect associated with the dual electro­
chemical-catalytic mechanism described above can 
be derived with the help of the Stern theory of the 
double layer. In dilute solution, under the condi­
tions when specific adsorption of ions is absent and 
when the electrode potential is far from the poten­
tial of the electrocapillary maximum, Stern’s the­
ory gives for the zeta potential

{ = const. +  (R T / F )  In ( oh+)b (11)
where (aH+) b  is the activity of HsO + ions in the 
bulk of solution. The activity of H30  + ions in the 
double layer is related to ((Z h + )b  by

(“H+)d.i. = (® u )b exp. { - t F / R T )  (12)
From (10), (11), (12) and substituting for A^byn] +  
A(f>r — £(c/. ref. 2), and for A<j)r (the p.d. for the re­
versible potential) by RT/F In (aH+)B, one gets 

77 = const. — (R T / F )  In i  (13)
Equation 13 indicates that 77 at constant i is inde­
pendent of pH. Similarly the electrochemical 
mechanism requires that 77 is independent of pH in 
solutions where Stern’s theory applies.2 Figure 5 
shows that this is the case in solutions below 0.5 N  
HC1.

(13) J. Horiuti and M. Polanyi, Acta Physicochim., U.R.S.S., 2, 
505 (1935).

The fact that the lower parts of the Tafel lines 
become parallel to the log c.d. axis at potentials 
negative with respect to the hydrogen electrode po­
tential is attributed to the dissolution of Ni in 
HC1 solutions.14 The bend-up, at high current 
densities, observed for a number of Tafel lines (cf. 
Figs. 3, 4 and 5) may be attributed (at least in 
part5) to a resistance overpotential effect. The plot 
of A77 (difference between the actual Tafel line 
and the extrapolated line) against i results in a 
straight line for all cases where the bend-up is ob­
served.

The difference between the results obtained on 
electrodeposited Ni and those of Bockris and Pot­
ter6 on bulk Ni may be attributed to the difference 
in the extent of the fractional surface coverage, X, 
at the start of polarization. The method of elec­
trode preparation employed by Bockris and Pot­
ter, i.e., sealing the electrode in a glass bulb under 
an atmosphere of hydrogen results in a value of X  
near to unity at the start of polarization. Owing 
to the fact that the heat of adsorption of hydrogen 
on Ni is decreased15 at high values of X, the desorp­
tion processes are fast. The slow discharge process 
taking place on a highly covered surface is, 
therefore, rate determining with a slope of 0.12 v. at 
30°.

For electrodeposited Ni, the value of X  at the 
start of polarization is probably much smaller than 
unity. The desorption processes are slow by vir­
tue of a decrease in the concentration of the react­
ants as well as a high value for the heat of adsorp­
tion at low values of X. The slow discharge proc­
ess is fast for a sparsely covered surface and the 
desorption processes are consequently rate deter­
mining. As given above the Tafel line slope 61 = 
0.053M1.063 v. cannot be explained on the basis of 
either a simple electrochemical or a simple catalytic 
desorption but may be accounted for by a dual 
electrochemical-catalytic mechanism.

The author’s thanks are due to Prof. A. R. 
Tourky for the facilities provided and for his inter­
est in the work. Thanks are also due to Prof. J. 
O’M. Bockris for helpful discussions.

(14) J. Kolotyrkin and A. Frumkin, Compt. rend. Acad. Sci., 
U .R .S .S 33, 445 (1941).

(15) E. Rideal and B. Trapnell. J. chim. phys., 47, 126 (1950).
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Some new measurements are reported on the heat of solution of indium, antimony, copper and gold in licuid tin. The 
results are compared with heat data obtained in earlier calorimetric and equilibrium studies. The enthalpy change associ­
ated with the formation of the ternary alloys Sn-A-B from the binaries Sn-A (A = Cu, Ag, Au) and Sn-B (B = Cd, In, 
Sb) was studied by quasi-binary mixing experiments in the tin-rich range. The results are expressed in terms of an inter­
action parameter characteristic of each quasi-binary system. In all cases studied this parameter was algebraically larger 
than a corresponding parameter for the pure binary.

Introduction
The introduction of tin solution calorimetry for 

determination of the heats of formation of solid al­
loys represents an important development in the 
field of alloy thermochemistry.1 This method 
shows promise of providing far more accurate data 
on the heats of formation of solid alloys than has 
been possible by earlier work in this field.

Using this technique the author has initiated a 
study of the thermochemistry of the alloys of group 
IB metals (Cu, Ag, Au; below designated by the 
letter A) with other group B metals. It is first 
planned to explore a series of binary alloys where 
one of the components is changed in a systematic 
sequence (i.e., Cd, In, Sn, Sb; below designated by 
B). In this work use is made of a new high-tem- 
perature reaction calorimeter developed by the 
author.2

In tin solution calorimetry, as in all non-differen­
tial solution calorimetry, the desired heat of forma­
tion of the solid alloy is obtained as a difference 
between two independently observed quantities. 
One of these is the heat of solution of the alloy in 
liquid tin to form a ternary liquid alloy. The other 
is the heat of formation of the same ternary alloy 
from the pure elements.

A logical first step in the study of these ternary 
liquid alloys is the exploration of the tin-rich range 
of the binary systems which are of interest. Previ­
ously the author has reported the necessary data for 
such systems as Sn-Ag3 and Sn-Cd.4 In the pres­
ent communication some new results will be pre­
sented on the liquid alloys in the systems Sn-Cu, 
Sn Yu, Sn-In and Sn-Sb. The reported work was 
generally carried out at 450°, although some meas­
urements on tin-gold were also performed at 350, 
270 and 242°.

If the ternary alloy which is formed when the 
alloy AB is dissolved in tin contains only very small 
concentrations of the two solutes, it may be per­
missible to neglect the interaction between A and
B. In this case we may calculate the heat of forma­
tion of the ternary alloy Sn-A-B from data relating 
only to the two binaries Sn-A and Sn-B.

However, in the calorimeter used by the author 
it is convenient to work with solute concentrations 
falling in the range 2-4 atomic per cent. Under 
these conditions the interaction between the solutes

(1) L. B. Ticknor and M. B. Bever, J. Metals, 4, 941 (1952).
(2) O. J. Kleppa, T h i s  J o u r n a l , 59, 175 (1955).
(3) O. J. Kleppa, Acta Met., 3, 255 (1955).
(4) O. J. Kleppa, T h i s  J o u r n a l , 59, 354 (1955).

cannot be neglected entirely, although it usually 
will represent only a very small percentage of the 
total heat of formation. To correct for this interac­
tion a simple formula containing a single interac­
tion parameter for each system was adopted. A 
series of quasi-binary mixing experiments were 
performed in order to determine the magnitude 
of these parameters.

Experimental
General.—The binary solution and mixing experiments 

reported in the present work did not involve any modifica­
tion of the previously reported experimental procedures, and 
readers are referred to earlier papers2-4 for experimental 
details. The metals used were generally stock metals of 
99.9 +  % purity. Prior to their use in calorimetric experi­
ments all metals (with the exception of gold) were remelted 
in graphite crucibles and cast into y2" rods. Suitable samples 
were then cut or machined from the rods. The gold, 
which was of 99.98% purity, was purchased from Gold­
smith Bros, in the form of 2 mm. wire, and was used in this 
form.

In the quasi-binary mixing experiments one of the binary 
alloys was always prepared from weighed amounts of the 
pure components in the crucible of the calorimeter. The 
other binary alloy containing the same mole fraction of tin 
was melted down in an evacuated 12 mm. i.d. Pyrex am­
poule, and cast into the desired hollow cylindrical shape in 
one end of this ampoule. After quenching in an air jet, the 
ampoule was broken and the 1/ 4" graphite core drilled out. 
In this manner it was ensured that the two binary alloys 
maintained their original composition.

Alternative Calibration of Calorimeter.—Numerically the 
heats of solution of gold in tin given below are 7-8 per cent, 
lower than those reported in other recent calorimetric in­
vestigations. It was considered desirable therefore to 
check the adopted electrical calibration by a “drop method.”

The comparison was carried out as follows. The charging 
and stirring device2 which normally connects the center of 
the calorimeter with the outside of the furnace insulation was 
replaced by a Pyrex tube of 8 mm. i.d. and about 60 cm. 
long. Through this tube sections of pure copper and tung­
sten rod of about 1/i " diameter were dropped from room tem­
perature into the calorimeter. In these experiments the 
calorimeter temperature was 242 ±  0.4° as measured by a 
chromel-alumel thermocouple calibrated (before and after 
the run) at the melting point of tin (231.9°). Prior to each 
drop experiment the temperature of the rod section was de­
termined to 0.1°. The heat capacities of copper and tung­
sten were taken from compilations published by Kelley.6 
Before or after the drop calibration a conventional electrical 
calibration was carried out, and the two results were com­
pared. It was found that the drop method consistently 
gave about 3% higher calibrations than the electrical 
method. There was no significant difference between the 
results obtained with copper and tungsten rods.

Previously the maximum systematic error in the electrical 
calibration used throughout the present series of calorimetric 
studies was estimated to be 0.2 to 0.3%.2 In the light of 
more recent experience it appears that this estimate may 
have been too optimistic, and that a figure closer to 1% is 
more likely. The most probable source of error is that a

(5) K, K. Kelley, U. ¡3, Bureau of Mines Bull., 476 (1949).
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very small fraction (< 0.5%) of the electrical current, which 
is measured outside the furnace system, may actually by­
pass the calibrating heater. If this is really the case, the 
electrical calibrations would tend to be high.

A realistic evaluation of the error involved in the drop 
calibrations is difficult, particularly because of the unknown 
amount of heat picked up by the sample during the drop. 
A very conservative estimate indicates that the uncertainty 
from this and other sources should be of the order of 1% 
and may very well be larger. Heat transferred to the sample 
during the fall would tend to make the calibrations high.

In conclusion it may be stated that at least a significant 
part of the 3% difference between the two methods of cali­
bration may be accounted for by the assumed experimental 
uncertainties. It is believed that the electrical method is 
more reliable than the drop method.

Experiments on Binary Alloys.
Comparison with Earlier Data 

Tin-Indium.— The results for this system are 
listed in Table I and are plotted, together with 
those for the other systems studied, in Fig. 1. 
The values of AHM/xin are found to vary linearly 
with respect to X\n, according to the relation

AH u =  — 595xin +  409a+n j./g. atom (1)

T a b l e  I

M o l a r  H e a t s  o f  M ix in g  fo r  I nd iu m - T in  A l l o y s  a t

Com­
450°

AH**,
position Total joule/g.

X I n g. atoms atom
0.0570 1.8345 -  3 2 .i

.0731 1.3537 -  41.,

.1178 0.9234 -  61. [

.2269 .4555 -115

.3388 .2928 -154

Tin-Antimony.—The results of 13 experiments, 
in which solid antimony was dissolved in liquid tin, 
are listed in Table II, and are plotted in Fig. 1. 
The following linear relation is found between
AHM/zsb and zSb

A =  1 5 .39 iSb +  1 .02zasb kj./g. atom (2)
Fig. 1.—Heat of solution of indium, antimony, copper and 

gold in tin.

T a b l e  II
M o l a r  H e a t s  o f  F o rm a t io n  of L iq u id  A n tim o n y - T in  
A l l o y s  fro m  So lid  A n t im o n y  an d  L iq u id  T in  a t  450°

Com­
position

XSb
Total 

g. atoms

A H *, 
joule/ 

g-
atom

Com­
position

ZSb
Total 

g. atoms

AH**,
joule/

g-atom
0.00882 1.6647 133 3 0.05344 0.6856 830

.01706 0.9109 266 .07574 .4228 1199

.01736 .8637 267 .08455 .3806 1320

.01953 .8357 307 .1362 .2504 2093

.02755 .8673 420 .1485 .4589 2331

.02852 .8700 434 .2492 .2881 3864

.04080 .8560 619

The mean deviation of the observed values of 
AHM/xsb from this equation is 0.20 kj.

It is possible to compare these results with heat 
data obtained calorimetrically at 800° by Kawa- 
kami6 and indirectly from e.m.f. cell work at 632° 
by Frantik and McDonald.7 The data reported by 
Kawakami indicate that the limiting partial molal 
heat content of liquid antimony in liquid tin 
(Lsb) should be of the order of —10 kj./g. atom. 
Frantik and McDonald, on the other hand, calcu-

(6) M. Kawakami, Sci. Rep. TShoku Imp. XJniv. (I), 19, 521 (1930).
(7) R. O. Frantik and H. J. McDonald, Trans. Electrochem. Soc., 

88, 243 (1945).

late a value of —6.15 kj. If we adopt 19.8 kj. for 
the heat of fusion of antimony,8 these earlier inves­
tigations yield +10  and +13.65 kj., respectively, 
for the limiting heat of solution of solid antimony 
in liquid tin. This should be compared with our 
value of +15.39 kj. Similarly, Frantik and M c­
Donald give the values —4.2 cal. (18 joule) and 
— 12.0 cal. (50 joule) Jor the relative partial molal 
heat content of tin (Lsn) at xsn =  0.9 and 0.8. In 
this concentration range we calculate the same 
quantity from the expression Z Sn =  — 1.02.r2gb 
kj.4 For the mentioned compositions we get —10 
and —41 joule, respectively. The agreement with 
the work of Frantik and McDonald must be consid­
ered as satisfactory.

Tin-Copper.— The results for this system are 
given in Table III and plotted (AHu /xcu versus 
Xcu) in Fig. 1 along with the data for the other 
systems.

The following linear relation is found between 
AHM/xca and zcu

AH M =  11.68xcu — 13.66 a+u kj./g. atom (3)
The mean deviation of experimental values of AHM/  
xcu from this equation is 0.10 kj.

(8) O. Kubasehewski and E. LI. Evans, “Metallurgical Thermo­
chemistry,’’ Butterworth-Springer, London, 1951.
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T a b l e  III
M o la r  H e a t s  o f  F o r m a t io n  of L iq u id  C o pp e r - T in

A llo ys fr o m  S olid» C o pp e r a n d  L iq u id  T in  a t 450°

Com­
position Total

AtfM,
joule/

g-
Com­

position Total
A HM, 
joule/

g.
#Cu g. atoms atom *Cu g. atoms atom

0.03855 0.8527 429 0.06871 0.6473 734
.04100 .9132 454 .08051 .8787 854
.04448 .8954 480 .09745 .4190 1028
.04461 .8438 498 .1560 .3694 1495
.04813 .8311 538 .1646 .2555 1535

The present results may be compared with data 
obtained in earlier calorimetric work. Ticknor and 
Bever1 measured the limiting heat of solution of cop­
per in tin at 300°, and report a value of 10.75 kj., 
with an estimated uncertainty of about 600 joule. 
This compares with our value 11.68 kj. at 450°. 
It is estimated that the uncertainty in our figure 
should be of the order of 2%.

Kawakami6 and later Korber9 measured the heat 
of mixing in liquid copper-tin alloys at 1200 and at 
1150°, respectively. From their data we derive 
the values —8 and ± 0  kj. for the relative partial 
nrnlal heat contents of liquid copper in liquid tin 
(Acu). If we assume, for simplicity, that the heat 
of fusion of copper8 is independent of temperature 
between the melting point (1083°) and 450°, we 
find from the present work that the corresponding 
value at 450° is about — 1 kj.

It will be noted from Fig. 1 that the slope of the 
curve for the tin-copper system is very nearly the 
same as for the previously studied system tin-sil­
ver.3 The negative slope, which corresponds to a 
negative curvature of the heat of formation in the 
dilute range, is expected for solutes of lower valence 
than the solvent, according to theoretical considera­
tions of Friedel.10 These theoretical aspects will 
be discussed further in the succeeding paper.11

Tin-Gold.—Pure gold was dissolved in liquid 
tin in 10 experiments at 450°, in 8 'experiments 
at 350°, in 2 experiments at 270°, and in 7 experi­
ments at 242°. The results are recorded in Table 
IV, and the data for 350 and 450° are plotted, 
along with the data for the other systems, in Fig.
1.

The following linear relations were derived for 
the dependence of A H m / xau on xau at 450 and 350°
450°: AH u  = — 19.73zau +  8.39x2au kj./g. atom (4a) 
350°: AH w =  — 20.98zau +  3.70a;2Au kj./g. atom (4b)

At both temperatures the mean deviation of the 
experimental values of A H m / xau from these equa­
tions was 0.10 kj. At 270° the mean value of AHM/ 
xau was -22 .35  ±  0.15, at 242° -  23.08 ±  0.09 
kj. These results may be compared with calori­
metric measurements carried out by Ticknor and 
Bever at 240 and 300°, by Hultgren12 and co-workers 
at 243°, and also with heat data for 600° de­
rived indirectly from e.m.f. cell measurements and 
previously reported by the author.13 This com­
parison is presented in Fig. 2, where all available

(9) F. Korber, Stahl und Eisen, 56, 1401 (1936).
(10) J. Friedel, Advances in Phys., 3, 446 (1954).
(11) O. J. Kleppa, T h is  J o u k n a l , 60, 846 (1956).
(12) R. Hultgren, private communication.
(13) O. J. Kleppa, J. Am. Chem. Soc., 72, 3346 (1950).

T a b l e  IV
M o l a r  H e a t s  of F o rm a t io n  o f  L iq u id  G old- T in  A l l o t s  

fro m  Solid  G old  an d  L iq u id  T in
Com­

position Total
-AtfM,joule/g.

X A u g. atoms atom

0.00923
(a) 450° 

1.3673 180
.00994 1.4636 196
.01083 0.8615 212
.01582 .8300 311
.01641 .8019 327
.03213 .4472 621
.06685 .2323 1272
.1346 .1745 2505
.2373 .1979 4222
.3084 .07689 5279

0.00933
(b) 350° 

0.8385 195
.01116 .8426 235
.01798 .5461 372
.03632 .3047 759
.07606 .1604 1594
.1529 .09196 3104
.2067 .07093 4180
.2339 .07945 4705

0.01142
(c) 270° 

0.8266 253.5
.01196 .8394 269

0.00932
(d) 242° 

0.8866 215
.00944 .8454 216.4
.01124, .8784 259
.01133 .8581 262
.01203 .8519 276.6
.01212 .8212 282
.01251 .8709 00 CO to

data on the limiting heat of solution of gold in tin 
are plotted against temperature.

It will be noted that the difference between the 
results of the present work and those of the other 
calorimetric investigations is of the order of 7-8%. 
This is considerably more than the uncertainty in­
dicated by the reported experimental precisions, 
and suggests some systematic error, either in the 
present Work or in the earlier work or in both. The 
other investigators both calibrate their calorimeters 
by dropping small pieces of tungsten wire into 
their tin baths. Therefore a series of similar cali­
brations were carried out in the author’s apparatus. 
The results are compared with those obtained by 
the electrical method under “ Experimental”  above. 
We here recall that the drop method consistently 
gave about 3% higher values than the electrical 
method. Thus even if the drop calibrations were 
accepted as correct, the agreement with the other 
calorimetric studies on gold-tin is not entirely satis­
factory.

The relatively strong dependence on temperature 
of the heat of solution of gold in tin is a very inter­
esting phenomenon, which appears to have no 
clear-cut parallel in the case of solutions of copper 
and silver in tin. It should be stressed that the 
change of the limiting heat of solution with tem­
perature represents a change in the strength of the



July, 1956 Binary and T ernary Liquid Alloys R ich in’ T in 845

chemical bond proper, and is not due to a change in 
the short range order in the solution. An in­
creased short range order is, on the other hand, 
probably associated with the reduction of the 
“ curvature”  of the heat of formation (i.e., the slope 
of AHm/xau vs. x\u) as we go from 450 to 350°. In 
this temperature range the slope is reduced by a 
factor of two, but remains positive. Thus the sys­
tem does not obey Friedel’s rule.10’11 However, it 
is worth noting that the curvature is very small 
when the strong interaction is taken into account.

Finally it may be pointed out that the increase 
in AHu  with temperature must be associated with a 
similar increase in the entropy of formation. We 
may here have at least a partial explanation of the 
large excess entropy of mixing found in liquid gold- 
tin alloys at 600°.13 It should be mentioned, how­
ever, that the gold-tin system in this respect is dif­
ferent from certain other liquid alloy systems (e.g., 
tin-zinc and tin-cadmium) where both the heat 
and the excess entropy of mixing are reduced as the 
temperature is increased.4

Quasi-binary Mixing Experiments
General.— The molar heat of formation of a 

ternary tin alloy may be expressed in the following 
way
&HMSn-A-B = Xa/(xa +  Zb) AHMSn-A +  2b/(za +  Zb)

+  A f f M(2A,xB) (5 )

Here xa and xb are the mole fractions of A and B in 
the ternary alloy, while AHMsn- a and AUMsn-B  are 
the molar heats of formation of the two binary al­
loys which have mole fractions of tin xsD = 1 — 
xA — xb- The term AHm(xa, xb) represents the 
molar change in enthalpy associated with the quasi­
binary mixing process, i.e., when the ternary is 
formed from the two binaries while xsn is kept con­
stant. This last term may conveniently be ex­
pressed by means of a single interaction parameter, 
Cab(x), thus

Aif“ (iA, Xb) = Cab(x)xaXb (6)
It is well known that for higher concentrations of A 
and B this interaction parameter will depend both 
on the total concentration of A and B and on the 
relative amounts of A and B in the mixture. How­
ever, in moderately dilute solutions, i.e., when xa +  
xr <  0.2, this dependence is expected to be fairly 
■weak. In this range we may to a good first ap­
proximation consider Cab as independent of con­
centration.14 This essentially implies the assump­
tion of nearest neighbor interaction between A, B 
and Sn. Other things being unchanged the number 
of nearest neighbor contacts or “ bonds”  in a random 
mixture is of course proportional to the product of 
the mole fractions of the two considered species.

For ternary solutions resulting from typical calor­
imetric solution experiments in the author’s appara­
tus the product xa^b usually falls in the range 10-3 
to 10-4. With values of Cab of the order of 10 kj., 
the total molar heat effect of quasi-binary mixing 
experiments in this concentration range will be 1 to 
10 joules. These heat effects are too small to be

(14) The independence of Cab on composition was not checked in 
detail. However, for the system silvei^cadmium an increase of XAg +  
a;cd from about 0.10 to about 0.34 was found to have only a moderate 
effect on the value of Cab (see Table V).

Fig. 2.—The temperature dependence of the limiting heat of 
solution of gold in tin.

determined with precision in the apparatus. There­
fore it was necessary to carry out the quasi-binary 
experiments in mixtures with total solute concen­
trations of the order of 10 to 20 atomic per cent. 
Even so the observed heat effects were quite small, 
and the values of C a b  may very well be in error by 
as much as 10%. This will be obvious from an ex­
amination of Table V where all the results obtained 
in quasi-binary mixing experiments are recorded.

T a b l e  V

Q u a si-B in a r y  M ix in g  a t  450° A cco rd in g  to  F orm al  
C h e m ic a l  E q u a tio n

y Sn„Ai- * ( i )  + (i - i d S m B i - d l ) SllxgnAxABxBO) 
A tfM, a#m/

System Final composit:iwn Total i./g . X A X B ,
A - B zSn XA x B g. atoms atom kj.

Cu-Cd 0.8424 0.1026 0.0550 0.371 + 48 + 8.6
.8281 .1112 .0607 0.351 + 63 + 9.3

Ag-Cd .8950 .0136 .0914 1.078 -  9. * -  7.4
.8330 .0560 1110 0.393 -  46 -  7 . 4

.8330 .0717 0953 .382 -  47 — 6.8

.6588 .2104 .1308 .422 -2 82 -1 0 .2
Au-Cd .8785 .0637 .0578 .230 -1 0 9 -2 9 .6

.8962 .0543 0495 .244 -  73 -2 7 .*
Cu-In .8354 .1123 0523 .375 + 83 +  1 4 . i

.8466 .0962 0572 .315 + 73 +  13.3
Ag-In .8330 .0964 0706 .362 + 33 + 4.8

.7638 .0794 1568 .381 + 65 + 5.2
Au-In .8800 .0613 0587 .247 -  86 - 2 3 . 9

.8971 . 0522 0507 .254 -  55 - 2 0 . 8

Cu-Sb .8300 .1032 0668 .338 +  100 +  14.6
.8400 .1012 0588 .360 +  91 +  15.3
.8250 .1073 0677 .340 +  126 +  17.3

Ag-Sb .7515 . 1656 0829 .374 +  305 +  2 2 . 2

.8516 .0926 0558 .370 +  115 +  2 2 .2

Au-Sb .8978 .0512 0510 .249 +  25 +  9 . 6

.8501 .0613 0886 .229 +  48 +  8 . 8

Discussion.— It is of considerable interest to 
compare the quasi-bii ary interaction parameter 
(C a b ) ran bs i with the corresponding parameter for 
simple binary interaction. The latter will in gen­
eral be some function cf composition, and we shall 
presently focus our attention on its value in pure 
liquid B, ( C a b ) x b - i - We note that this is in fact 
our old acquaintance, the relative partial molal 
heat content of liquid A in pure liquid B. The au­
thor recently has measured the heat of solution at 
450° of copper, silver and gold in liquid cadmium
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and indium.11'16 From these results the desired 
interaction parameters may be obtained by adopt­
ing reasonable values for the heats of fusion of cop­
per, silver and gold. In Table VI these parameters 
are given along with average values of (Cab) ^  ^  i 
obtained from the experimental data recorded in 
Table V.

T a b l e  VI
I n t e r a c t io n  P a r a m e t e r s  in  B in a r y  an d  T e r n a r y  

L iq u id  System s  a t  450°

System (Cab)iBo-I (Cab)*b- i
CarSn—l

CxB=I
A-B kj. kj. kj.

Cu-Cd +  9 -12 21
Cu-In +  14 ~  0 14
Cu-Sn -  1 -  1
Cu-Sb +16 ? ?
Ag-Cd -  7 -2 4 17
Ag-In +  5 -  4 9
Ag-Sn +  4 +  4
Ag-Sb +22 ? ?
Au-Cd -28 -61 33
Au-In -22 -46 24
Au-Su -3 3 -3 3
Au-Sb +  9 ? ?

It will be noted that it is a common feature of the 
six systems for which full information is available 
that the binary interaction parameter, C a b , is in­
creased (i.e., interaction weakened) when we go 
from pure B to nearly pure tin. We also note that 
the increase in C a b  for the cadmium systems is more 
pronounced than the corresponding increase for the 
indium systems. There is, however, no clear-cut 
correlation between the increase in C a b  and the 
magnitude of C a b  as we go from one binary system 
to another.

It is unfortunate that because of the high melting 
point of antimony there is as yet no reliable informa­
tion on the heat of solution of copper, silver and 
gold in liquid antimony. However, a systematic 
survey of all interaction parameters listed in Table

(15) O. J. Kleppa, T h is  J o u r n a l , 60, 858 (1956).

VI suggests that (CAstOran s* 1 probably in all cases 
will be considerably larger than (CASb)zsb-i- If 
this is indeed the case, it is tempting to interpret 
the. change in C a b  in terms of simple atomic size 
considerations. It may be postulated that for di­
lute solutions in any solvent metal there exists a 
tendency for the nearest neighbor “ bonds”  to as­
sume the length characteristic of the nearest neigh­
bor distance of that particular metal. On this 
model it may be argued that the bond lengths 
which exist, e.g., in pure liquid B, will become com­
pressed or extended (and the bond energies ac­
cordingly changed) when they are present in es­
sentially pure liquid tin. We might expect the ef­
fect to depend in some manner on the difference in 
size between A, B and Sn, and to be particularly 
large if the bonding A -B  is strong (or “ stiff” ). 
There is a certain amount of semi-quantitative 
support for this simple picture in the data given in 
Table VI.

We recall first that the sequence Cd, In, Sn, Sb is 
one of increasing atomic size, as measured for ex­
ample by the atomic radii for coordination number 
12. For any one of the reference metals, copper, 
silver and gold, we note that the parameter CAcd is 
increased more than Cain in going to liquid tin. We 
further recall that among the metals copper, silver 
and gold the two latter have very similar atomic 
radii, while copper is significantly smaller. If we 
first consider the alloys formed by silver and gold, 
where the effect of size should be of the same order 
of magnitude, we find that Caub is always more in­
creased than CAgB on going from B to Sn. If we, 
on the other hand, look at the alloys formed by cop­
per and silver, where the magnitude of the chemical 
interaction is more nearly equal, while the size 
effect is different, we note that CcuB is somewhat 
more increased than is CagB-
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SILVER-CADMIUM, SILVER-INDIUM AND SILVER-ANTIMONY AT 450°

B y  O .  J. K l e p p a

In s titu te  f o r  the S tu d y  o f  M eta ls , U n ivers ity  o f  C h icago, C hicago 37 , I ll in o is  
Received August 11, 1955

The heats of formation of the liquid alloys of silver with cadmium and indium were determined calorimetrically at 450° 
by dissolving silver in the low-melting liquid metals. The heats of formation of the solid alloys were obtained by the tin 
solution technique. The new information is discussed along with data obtained earlier for the system silver-tin. The 
results are compared with recent theoretical calculations by Varley and by Friedel. Many of the results are in excellent 
agreement with theoretical predictions advanced by Friedel.

Introduction
In a recent communication the author has pub­

lished new information on the integral heat of 
formation of the solid and liquid alloys of silver-tin 
as determined calorimetrically at 450°.1 In the

(1) O. J. Kleppa, Acta Met., 3, 255 (1955).

present paper equivalent data will be reported for 
the alloys of silver with cadmium, indium and anti­
mony. A preliminary report on some of this work 
was given previously.2 For alloys which are liquid 
at 450° the desired heat data were obtained di-

(2) O. J. Kleppa, J. Am. Chem. Soc., 76, 6028 (1954).
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rectly by dissolving silver in the liquid metal in the 
calorimeter. For solid alloys the heats of formation 
were calculated from the observed heats of solu­
tion of the alloys in pure tin. In evaluating the 
results use was made of the data on dilute solutions 
of silver, cadmium, indium and antimony in tin 
quoted in the preceding paper.3

Experimental
The experimental procedure adopted in this study was 

similar to the one described previously for silver-tin.1 
However, as it was believed that the heat treatment given 
the alloy during the final stages of preparation might pos­
sibly have a noticeable influence on the observed heat of 
formation (e . g through the effect of local order), an at­
tempt was made to check this point experimentally. A 
series of 11 silver-cadmium alloys of the same nominal com­
position (sab = 0.63o) were prepared and annealed for 
periods of 20 to 150 hours at temperatures from 450 to 675°. 
The heats of formation of these alloys all fell in the range 
— 8.80 to —9.26 kj./g. atom with a mean of —9.05 and a 
mean deviation of 0.13. However, no correlation could be 
established between heat treatment and heat of formation. 
These results offer a good ¡Lustration of the ultimate experi­
mental precision which may be achieved when a large num­
ber of calorimetric experiments is performed. Usually only 
two or three runs were earned out, and the mean deviation 
of each experiment from the average was larger. It should 
be stressed that the total error of the data may be somewhat 
larger than indicated by the precision, due in part to uncer­
tainties in the accepted values of the heats of formation of 
the ternary liquid alloys and in part to a possible systematic 
error estimated to be of the order of about 1%.3

Preparation of Specimens.—Two different methods were 
adopted. In the first procedure hollow cylindrical samples 
of 10-20 g. total weight were prepared according to a method 
described in the previous paper.2 Specimens of suitable 
weight (2-4 g.) and size were then cut from this slug.

A number of silver-cadmium alloys were also prepared in 
the form of 3 mm. rods of about 2 cm. length by melting the 
appropriate amounts of metal in evacuated Vycor tubes. 
In order to facilitate the homogenization of the liquid alloy, 
one end of the tube was enlarged to form a small bulb. After 
homogenization above the liquidus the alloys were cast into 
the cylindrical part of this ampoule, and the heat treatment 
was completed before the ampoule was broken. As there 
was essentially 100 per cenx. recovery of the samples, they 
were not subjected to any chemical analysis.

Analysis of Metals and A.loys.—The first method of alloy 
preparation, while effectively preventing loss of metal, may 
give differences in composition (segregation) within the 
slugs. The analytical work (Ag as AgCl) was primarily 
aimed at establishing the order of magnitude of the segrega­
tion. It was generally found that the alloys were uniform 
in composition to 2-3 parts per thousand.

The metals were stock metals of 99.9 +  % purity. In the 
course of the present work a check was carried out of the 
oxygen content of the silver, which was from the same lot as 
the metal used for the silver-tin system. By means of 
vacuum fusion analysis it was established that the granules, 
as received, contained about 0.010% oxygen by weight. 
However, after the silver had been melted and cast in 
graphite, the oxygen content was reduced to about 0.0025%,. 
This oxygen content is too small to cause a significant error 
in the calorimetric measurements.

Results
Liquid Alloys. Silver-Cadmium.— Measure­

ments on this system are listed in Table I. The 
lower precision in this case is in part caused by the 
slowness with which solid silver dissolves in liquid 
cadmium, in part by the relatively high vapor 
pressure and reactivity of cadmium at 450°. The 
mean value of A//"m/+ ak obtained from these 9 
experiments is —12.8 kj. with a mean deviation 
of 0.65.

(3) O. J. Kleppa, T h is J o u r n a l , 60, 842 (1956).

T_BLE I
M o la r  H e a t s  o f  F o rm a t io n  of L iq u id  S il v e r - C ad m ium  
A lloys  fro m  Solid  S ilver  an d  L iq u id  C ad m ium  a t  450°

Com­
position

ZAg
Total

g. atoms
- A  H*, 

J./g. 
atom

Com­
position

XA,
Total 

g. atoms
-AtfM,
J./g.

atom
0.0178 1.058 219 0.0315 0.924 379

.0214 1.109 275 .0323 1.096 430

.0241 0.809 312 .0366 1.053 496

.0295 .863 346 .0603 0.411 824

.0304 .912 420

There are no reliable heat data in the literature 
on the dilute solutions c f silver in cadmium. How­
ever, from vapor pressure measurements of Schnei­
der and Schmid4 at high er silver concentration and 
higher temperatures, W3 may estimate a value of 
about + 4  for AHm/xas.■ The agreement is poor, 
but at the same time not very significant.

Silver-Indium.— The results for this system are 
listed in Table II. The following linear relation 
holds for the dependence of AHM/xAg on xas-

AH u  =  7.04*as -  11.72x2Ag kj./g. atom (1)

The mean deviation of observed values of AH M/xas 
from this equation is CL07 kj. There are, to the 
knowledge of the author, no data in the literature 
for comparison with these results.

T a b l e  II
M o l a r  H e a t s  of F o rm atio n  of L iqu id S il v e r - I n dium

A lloys  from  Solid  S il v e r  an d  L iq u id  I n d iu m  a t  450° 
Com- A HM,

position Total J-/g.
XAg g. atoms atom

0.0555 1.7661 348
.1000 .8040 590
.1320 .4257 740
.1829 .2534 888
.2390 .4856 1028
.3278 .2789 1032

Solid Alloys. Silvei—Cadmium.—-A survey of
the literature shows that there is poor agreement 
regarding certain details of the silver-cadmium 
equilibrium phase diagram. Thus, “ Metals Hand­
book” 5 advances a diagram which is based pri­
marily on micrograph c studies and which in 
several respects differs from the diagram recom­
mended by Owen, Rogers and Guthrie.6 These 
investigators carried ou: a careful X-ray study of 
this system, and from their work one finds that the 
following phases should be stable at 450°

a f.c.c.

Atomic 
% Cd
0-43

P b.e.c. 49-56
7 compì, cub. 59-61
e c.p. hex. 66-76
L liquid 88-100

The results obtained in the present work are re­
corded in Table III, and are plotted, along with the 
data on liquid silver-oac mium alloys, in Fig. 1.

(4) A. Schneider and IT. Schirad, Z. Elektrochem., 48, 636 (1942).
(5) “ Metals Handbook,”  American Society for Metals, Cleveland, 

1948.
(6) E. A. Owen, J. Rogers and J. C. Guthrie, J. Inst. Metals, 65, 

457 (1939).
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0 0.2 0.4 0.6 0.8 Cd

Fig. 1.—Molar heats of formation of solid and liquid silver- 
cadmium alloys at 450°.

Among the systems covered in the present work 
silver-cadmium is the only one for which a reason­
ably comprehensive_ set of heat data is reported 
previously. Thus Olander7 by means of e.m.f. cell 
measurements explored solid alloys with silver con­
tents up to 67%, while Cheng and Birchenall8 
studied the vapor pressure of cadmium over three 
solid silver-cadmium alloys containing about 8, 23 
and 34 atomic %  cadmium. Very recently Hult- 
gren9 and co-workers have carried out a few calori­
metric determinations of the heat of formation of 
solid silver-cadmium alloys in the a-solid solution 
range.

Olander refrained from calculating integral heat 
data from his e.m.f. measurements because he had 
difficulties with getting reproducible potential ob-

Ag

-30

0,6 0.4
1

o
1 1 

Ac-Cd, AHM/X cd
1

vs' XCd
A Aç-ln, AHM/ X in vs. X,n
V Aç-ln, a h m/ x ,„ vs. 2 Xjn

0,2

"V
V.

V
$ On

\  $■

“ Ag~  Cd

OD'Q.
<WcO

-....J_ 0,2
X(-j ond X,

0.6

Fig. 2.—Heat of formation for solid alloys of silver-cadmium . 
and silver-indium.

(7) A. Ölander, Z. yhysik. Chem., A163, 107 (1933).
(S) C. H. Cheng and C. E. Birchenall, J. Metals, 1, 420 (1949). 
(9) R. Hultgren, private communication.

T a b l e  III
M o l a r  H e a t s  o f  F o rm atio n  o f  S il v e r - C a d m iu m  A llo ys  

fro m  So lid  S il v e r  an d  L iq u id  C a d m iu m  a t  450°
---------—— Alloy----------------. Tin +  _ - A f f M
composition xab, phase g-atoms

alloy, 
g. atoms

Obsd.
joule -—kj./g. atom—s Result Av.

0.90i, a 0.02315 0.8742 391.5 3.06
.02295 .8493 403.4 3.74
.02301 .8465 389.2 3.08
.01798 .8322 219.3 3.85 3.43

.87,, a .02583 .8890 459.6 4.21
.02385 .8389 418.1 3.94
.03031 .9264 541.9 4.34 4.16

. 844, a .03120 .8613 548.8 4.35
.02983 .8498 556.5 5.40
.01560 .8520 287.9 4.98 4.91

• 797, a .03054 .8612 592.5 6.54
.03135 .8506 601.7 6.34 6.44

. 70o, a .02760 .8499 573.0 8.66
.02846 .8842 590.1 8.63 8.65

. 65o, a .01478 .8353 303.1 8.70
.01479 .8501“ 296.6 8.60 8.65

■ 63», a Av. of 11 experiments 9.05
. 594, a .02735 .9066 578.2 9.88

.02723 .8238 567.5 9.61 9.75
.57,, a .01376 .8419 279.2 9.03

.01438 .8661 293.1 9.12 9.08
• 56s, a ? .01583 .8478 327.4 9.51

.01633 .8641“ 331.6 9.57 9.54
.50,;, ß .03257 .8843 650.4 9.50

.03178 .8908 643.8 9.78

.02080 .8479 419.4 9.55 9.61
• 49s, ß .01536 .8212 314.3 9.87

.01858 .8526 376.6 9.79 9.83
.46», ß .01848 .8778 388.3 10.73

.01776 .8754 370.4 10.57

.01952 .8239 406.8 10.59 10.63
A i , ,  ß .01395 .8459 285.2 10.25

.01500 .8609“ 298.7 10.08 10.17
■ 429, ß  V y .01686 .8859 342.6 10.27

.01670 .9156 338.3 10.20 10.24
• 40s, y .02468 .8588 519.1 11.26

.03076 .8528 633.0 10.89 11.07
,395, y .01519 .8492 306.9 10.43

.01520 .8644“ 305.2 10.66 10.55
• 37e, 7 +  c .01565 .8859 329.4 11.40

.01591 .9018“ 322.1 10.95 11.17
.328, 6 .03223 .8425 650.7 11.14

.02701 .9034 549.5 11.24 11.19
■ 31o, 6 .01483 .8312 289.3 10.42

.01477 .9112 291.0 10.61 10.51
■ 246j 6 .03039 .8635 579.4 10.65

.02671 .8872 512.5 10.74 10.70
“ In these cases the alloy was dissolved in the solution 

formed in the preceding experiment.

servations for alloys with silver contents above 
67%. Later on Weibke,10 noting that ölander’s 
data showed that the partial molal heat content of 
cadmium appeared to be independent of composi­
tion between 33 and 44% cadmium, calculated a 
set of integral heat data under the assumption that 
this would still hold true for lower cadmium con-

(10) F. Weibke, Z. Metallkunde, 29, 79 (1937).
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tents. Now we note that there is still a significant 
curvature in the heat of formation curve between 0 
and 33% cadmium (see e.g., Fig. 1). Therefore it 
is not surprising to find that Weibke’s calculations 
give somewhat low values: For an alloy containing 
about 43 atomic %  cadmium Weibke gives a heat 
of formation of about —7.8 kj. (from the elements 
at 350°), while the present work indicates about
— 9.3 kj. (at 450°). It may here also be mentioned 
that the still unpublished work by Hultgren indi­
cates a value of about —10.3 kj. at 34° (from solid 
silver and undercooled liquid cadmium, if we set the 
heat of fusion of cadmium equal to 6.4 kj.). As it is 
anticipated that an increase in temperature might 
lead to a weaker bonding between silver and cad­
mium, a somewhat more extreme value of AHM at 
room temperature is expected.

The present data may also be compared directly 
with the partial molal heat contents reported by 
Olander and by Cheng and Birchenall. In order to 
facilitate this comparison we have in Fig. 2 plotted 
our experimental values of AHu /xcd vs. Xca- It 
will be noted that the data which cover all solid 
phases, irrespective of structure, seem to fall in 
the vicinity of one smooth curve, which in the «-re­
gion may be approximated by a straight line. We 
make use of this to obtain a simple approximate 
expression for the molar heat of formation of sil­
ver-cadmium alloys in the «-range
A H M [Ag(s) +  Cd(l), 450°] = —39z0d +  39z2m

kjoules/g. atom (2)

This gives the following equation for the partial 
molal heat content of cadmium relative to liquid 
cadmium of the same temperature

L ed  (Cd(l)) = — 39x2a8 kj. (3)
With the aid of this relation we calculate values of 
Lea ranging from —17.5 kj. at x-Ag =  0.67 to —12.2 
kj. at xas =  0.56. In same range Olander’s experi­
mental results give a mean value of about —18 kj. 
Birchenall and Cheng’s data allow an evaluation of 
Led only for the two alloys containing 8 and 23 
atomic %  cadmium, and in both cases we find about
— 28 kj. For these compositions equation 3 gives 
the values —33 and —23 kj., respectively. As a 
whole the agreement must be considered as satis­
factory.

It was hoped that the calorimetric data obtained 
in the present study should permit a discussion of 
the relative stability of the various intermetallic 
phases in terms of their heats of formation. How­
ever, when the difference between the heats of for­
mation of neighboring phases is as small as in the 
case of silver-cadmium, such a comparison re­
quires more precise heat data. Therefore we have 
in Fig. 1 given a tentative heat of formation curve 
only for the alloys in the range 20 to 60 atomic %  
silver. Better information on the heats of trans­
formation from one phase to another may in this 
case be obtained from Olander’s work.7

Silver-Indium.—The phase diagram for this 
system was studied by Hellner and Laves11 and 
shows that the following phases are stable at 450°

(11) E. Hellner and F. Laves, Z. Naturforsch., A2, 177 (1947)» 
E. Hellner, Z. Metallkunde, 42, 17 (1951).

a f.c.c.

Atomic 
% In

0 -1 5 .5
7 e.p. hex. 2 5 -3 2 .5
L liquid 00-100

The results obtained for this system are given in 
Table IV and are plotted in Fig. 3. This figure also 
contains the data on liquid silver-indium alloys 
given in Table II. The results on solid silver-in­
dium alloys are also found in Fig. 2, along with 
those for solid silver-cadmium alloys.

T a b l e  IV
M o l a r  H e a t s  o f  F o r m a t io n  o f  S il v e r - I nd iu m  A lloys  

from  Solid  S il v e r  an d  L iq u id  I n d iu m  a t  450°
-----------------Alloy---------------- -

com­
position X A g , 

phase
g-

atoms

Tin +  
alloy, 

g. atoms
Obsd.
joule

- A  //M,
✓—kj./g. atom—  ̂
Result Av.

0 .92«, a 0 .02871 0 .8 6 5 6 478 7 3 .2 6
.03004 .8769 4 9 4 .7 3 .0 7 3 .1 7

.867, a .02062 .8498 363 3 4 .9 5
.02369 .8704 4 1 9 .3 5 .0 6 5 .0 1

■ 84g, a .02145 .8520 3 8 5 .6 5 .5 9
.02402 .8718 4 3 4 .1 5 .7 2 5 .6 6

. 8I0, a  +  7 .02483 .8242 4 5 4 .0 6 .5 3
.03081 .8630 5 4 9 .0 6 .1 2
.02374 .8877 4 3 1 .0 6 .3 7 6 .3 4

. 742, 7 .02382 .8697 4 4 4 .2 7 .9 0
.02286 .8718 4 1 9 .5 7 .5 9
.03643 .9017 6 3 6 .7 6 .8 4
.03029 .8616 5 4 3 .6 7 .2 7 7 .4 0

."I3 , 7 .02830 .8469 4 9 8 .8 7 .3 5
.02866 .8932 5 0 8 .0 7 .4 5
.03114 .8723 5 4 5 .6 7 .2 8 7 .3 6

■ 704, 7 .03117 .8806 5 4 9 .5 7 .5 3
.03768 .8852 663 .1 7 .5 5 7 .5 4

. 684, 7 .02718 .8898 4 7 2 .3 7 .5 3
.02822 .8554 4 8 9 .2 7 .5 1 7 .5 2

. 664, 7 +  L .03292 .8737 5 5 7 .3 7 .4 4
.04111 .8788 6 9 9 .6 7 .6 0 7 .5 2

.46s, 7 + L .02754 .8708 2 2 7 .9 1 .7 5
.02411 .8769 197 .0 1 .6 4 1 .70

Fig. 3.—Molar heats of formation of solid and liquid silver- 
indium alloys at 450°.
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Silver-Antimony.— The phase diagram for this 
system was studied by Weibke and Efinger12 and 
shows the following phases at 450°

Atomic % Sb

$50

a f.c.c. 0-6
IS c.p. hex. 9-15.5
7 orthorh. 21.5-26.5
V rhombohedral,

8 — N rule 94-100

The experiments carried out on silver-antimony 
alloys are listed in Table V and show that the heats 
of formation of all intermetallic phases in this sys­
tem are remarkably low.

Table V
Molar Heats of Formation of Solid Silver-A ntimony

Alloys at 450°
,---------- Alloy-------— N Tin + A
composition g- alloy, Obsd. '— lj./g. atom— '
xaz, phase atoms g. atoms joule Result Av.
0.93,, a ? 0 .01808 0.8400 274.4 -0 .3 6

.02119 .8541 312.6 + 0 . 0 2 -0 .1 7
0.90i, /3 .02851 .9178 438.2 -0 .6 2

.03709 .8663 534.9 + 0 . 2 0 - 0 . 2 1

. 846, /3 ? .02816 .8312 419.9 -0 .1 5
• 79i, 7  ? .03731 .8845 560.8 - 0 . 2 1

.04037 .8723 598.0 - 0 . 0 2 - 0 . 1 1

.77,, 7 .03543 .8723 530.9 -0 .1 4

.744, 7 .02620 .8748 388.4 + 0 . 1 1

.06,, , ? .03136 .8397 478.4 +0.17
.03218 .8577 488.6 +0.24 + 0 . 2 0

No reliable heat data for solid silver-antimony 
alloys are found in the literature. Tine origin of 
the value for “ Ag3Sb”  ( —6 kj./g. atom) reported by 
Ivubaschewski and Evans13 is not indicated by the 
authors.

Discussion
In previous studies of the alloys of copper, silver 

and gold with metals of groups 2B, 3B, etc, partic­
ular attention has been given to the effect of size, 
chemical interaction and valence on the observed 
binary phase diagrams.14 Although it is well 
known that these factors are not really mutually 
independent, it is convenient to survey separately 
their possible influence on the observed thermo­
chemical data.

The Size Effect.—According to the measure of 
atomic size advanced by the Hume-Rothery 
school,14 the “ size factors” in the alloys of silver 
with cadmium, indium, tin and antimony are all 
small (at most about 5% for silver-indium). How­
ever, if one adopts the atomic radii of Goldschmidt16 
or Pauling,16 the silver to antimony sequence is one 
of increasing disparity in size with a maximum dif­
ference of about 11% (for silver-antimony).15 We

(12) F. Weibke and I- Efinger, Z. Elektrochem., 46, 53, 61 (1940).
(13) O. Kubaschewski and E. L. Evans, “ Metallurgical Thermo­

chemistry,’ ’ Butterworth-Springer, London, 1951.
(14) For a recent review see e.g., W. Hume-Rothery and G. V. 

Raynor, “ The Structure of Metals and Alloys,”  Institute of Metals 
Monograph, No. 1, Third Edition, London. 1954.

(15) V. M. Goldschmidt, “ Geochemistry,”  Oxford University 
Press, 1954.

(16) L. Pauling, “ The Nature of the Chemical Bond,”  Cornell
University Press, Ithaca, N. Y., 1945.

shall not time consider in detail the various at­
tempts to calculate the positive contributions to the 
heat of formation resulting from lattice misfits.17 
It should suffice to state that one may expect the 
effect to increase roughly as the square of the “ size- 
factor,”  and to prevent extensive solid solution 
formation when the size factor is about 15%.14

In the considered series of silver alloys we there­
fore might expect the influence of the difference in 
size on the thermochemical data to be either quite 
small (Hume-Rothery approach) or at least not 
very pronounced (Goldschmidt-Pauling approach).

In fact we note that for all four systems the ex­
perimental results give no indication of significant 
size effects. We shall therefore assume that these 
effects are of little importance.

The Chemical Interaction Effect.— Since a long 
time back it has been customary, for the lack of a 
better measure of the tendency toward chemical 
bonding, to assume that the magnitude of the 
chemical interaction between two metals should be 
related to the difference in their electrochemical 
character. This assumption is implied when 
Hume-Rothery and his school refer to the “ elec­
trochemical factor”  in alloy formation.

For the four systems considered in the present 
discussion we find some measure of support for this 
point of view. We observe, for example, that the 
chemical interaction as measured by the maximum 
value of — AHM (for the solid alloys from the solid 
elements) increases in the sequence Ag-Sb <  Ag-Sn 
<  Ag-In <  Ag-C-d. This is also the sequence of 
increasing difference between the standard oxida­
tion potentials of the two components in aqueous 
solution. However, it should be noted that for 
silver-antimony, with AHM ~  0, the difference be­
tween the two oxidation potentials is still about 0.6 
volt. Therefore it is apparent that, on this criter­
ion of chemical interaction, a certain minimum dif­
ference in oxidation potentials is required before a 
significant negative heat of formation is to be ex­
pected. Similar observations have been made for 
other systems in the past.

Very recently attempts have been made to calcu­
late the heat of formation of alloys theoretically 
from suitable physical models. Possibly the most 
ambitious effort in this direction is that of Varley,18 
and, although we shall not discuss his work in de­
tail, it is of some interest to compare the values cal­
culated by Varley with the results of the present 
investigation. For the solid alloys of about equi- 
atomic composition Varley calculates the following 
values of the heat of formation per g. atom (from 
the elements at 0°): Ag-Cd, —2.0 kcal.; Ag-In, 
—1.5 kcal. and Ag-Sn, +0.7 kcal. For the first two 
systems agreement with the present experimental 
results is good.

However, Varley’s calculation fails to show the 
analogy of silver-tin with the other two systems. 
This analogy is indicated by the phase diagram and 
borne out by the calorimetric data. The discrep­
ancy can only in part be explained by the fact that 
Varley assumes the positive contribution of the size 
effect to the heat of formation to be quite large.

(17) See e.g., J. Friedel, Advances in Phys., 3, 446 (1954).
(18) J. H. O. Varley, Phil. Mag., 45, 887 (1954).
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The recent theoretical work of Friedel15 is of par­
ticular interest in a discussion of dilute and mod­
erately dilute alloys. Friedel proposes the follow­
ing cycle for approximate calculation of the limiting 
heat of solution of a polyvalent metal (e.g., cadmium, 
etc.) in a monovalent metal (e.g., silver).

(a) Evaporation and ionization: Cd(s) =  Cd+- 
(g) +  e~(g). The total heat absorbed may be cal­
culated from the heat of sublimation (Qs) plus the 
first ionization potential of cadmium, 7i(Cd).

(b) Exchange: Cd+(g) +  Ag+(s) =  Ag+(g) +  
Cd+(s). The singly charged cadmium ion is ex­
changed with a singly charged silver ion in a very 
dilute solution of cadmium in silver. As the elec­
tronic structures of these two ions differ only by the 
presence of one more positive charge on the nucleus 
and one more electron in the cloud of electrons 
screening the nuclear charge, the energy involved 
in the exchange process is assumed to be small, and 
is neglected in the calculations.

(c) Recombination and condensation: Ag+(g) +  
e~(g) = Ag(s). The silver ion is combined with the 
free electron, and the neutral silver atom is con­
densed on pure silver. The total heat gained is ob­
tained from the first ionization potential of silver, 
7i(Ag), and the heat of sublimation, Qa(Ag).

Apart from size effects, which we have assumed 
to be small in this system, the cycle gives (Qa +  
7i)(Ag) — (Qs +  7i)(Cd) tor the limiting heat of 
solution of cadmium in silver. Similar cycles may 
be used for the other solute elements.

It should be stressed that Friedel in this calcu­
lation assumes that only one of the valence elec­
trons of the solute is given off to the conduction 
band of the solvent. The other electrons are as­
sumed to remain in bounc. states associated with 
the solute ions (“ atomic orbital approximation” ). 
This model may or may not be a correct description 
of the physical situation. What is particularly 
important from the point of view of the thermo­
chemist is that this approach permits an estimate 
of the heat of solution without the evaluation of a 
number of large and uncertain terms (e.g., higher 
ionization potentials for multivalent ions, correla­
tion energies for electrons, etc.).

A comparison of our experimental data with the 
values calculated according to Friedel’s method is 
given in Table VI.

T a b l e  VI
L im itin g  H e a t s  o f  So lu tio n  o f  Solid  M e t a l s  in  S il v e r  
( in  E lec tr o n  V o l t s ) C a lc u l a t e d  A cco rd in g  to F r ie d e l , 
an d  E x p e r im e n t a l  V a l u e s . I o n iza tio n  P o te n tia ls  
from  L a n d o lt -B o r n st e in  E e a t s  o f  Su b l im a t io n  an d

H e a t s  o f  F u sion  fro m  B r e w e r 19
Limiting heat of soin.

System 
1 2 (Qs +  

h )  (Ag) Qs (2) h  (2)
Calcd.,
25°

Exp.,
450°

Ag-Cd 10.58 1.16 8.96 -0 .4 6 -0 .3 4
Ag-In 10.58 2.50 5.76 -2 .3 2 -0 .4 5
Ag-Sn 10.58 3.04 7.30 -0 .2 4 -0 .2 9
Ag-Sb 10.58 2.74 8.35 0.51 -0 .0 2

When one considers ffiat the calculated heats of 
solution represent differences between two large

(19) L. Brewer, in “ The Chemistry and Metallurgy of Miscellaneous 
Materials,”  L. L. Quill, Editor, McGraw-Hill Book Co., Inc., New 
York, N. Y., 1950.

numbers, each of which is associated with some ex­
perimental uncertainty, the agreement is really 
remarkably good. Only for the system silver-in­
dium can the agreement be considered as unsatis­
factory. No really convincing explanation is 
known to account for this apparent anomaly.

The Valence Effect.— In the work of the Hume- 
Rothery school the effect of valency on alloy 
formation has been a central point. Thus when one 
assumes that copper, silver and gold are mono­
valent, zinc, cadmium and mercury divalent, and 
so on, one finds a great deal of analogy in the con­
sidered binary phase diagrams. The analogy be­
comes particularly apparent if certain parts of the 
phase diagram are plotted in terms of electron 
concentrations, rather than in terms of molar con­
centrations. These observations were originally 
empirical, but were later in large measure explained 
in theoretical work by Jones.20

Of particular interest here is the discussion by 
Jones of the overlap between the Fermi level 
and the first Brillouin-zone which in face-centered 
structures such as copper, silver and gold should set 
in at about 1.36 electrons per atom. At higher 
electron concentrations the density of states is sup­
posed to fall off rather steeply, which in turn should 
give some additional curvature to the corresponding 
heat of formation curve. This overlap explains 
the tendency of the a-phases in these alloys not to 
extend much beyond ar_ electron concentration of 
about 1.4. The plot of the experimental data for 
a-Ag-Cd (see Fig. 2) seems to suggest some addi­
tional curvature near the phase boundary. How­
ever, the data are not sufficiently precise to give 
strong support to Jones’ theory. More definite 
support possibly may be obtained through elec­
tronic heat capacity determinations at very low 
temperatures.

A survey of the present thermochemical data also 
shows certain other interesting features which 
presumably may be attributed to the effect of va­
lence : If we consider first the integral heats of for­
mation of the solid alloys from the solid elements, we 
note that the maxima of — A77M, at least for silver 
alloyed with cadmium, indium and tin, appear to 
fall in the range 1.5 to 1.75 electrons per atom. 
Thus the energetic asymmetry in these systems 
tends to increase as the valence difference increases. 
This effect is even better illustrated by the values 
of the limiting heats of solution at XAg =  1 and at 
x.\g =  0. We note that while the heats of solution 
of solid cadmium, indium and tin in silver, are of 
similar magnitude (about —33, —44 and —28 kj./ 
g. atom, respectively), the corresponding data for 
liquid silver in the liquid metals differ greatly 
( — 24, —4 and + 4  kj.).

Although we do not have the corresponding fig­
ures for solid silver in the solid metals, these data 
must be considered as a very clear thermochemical 
illustration of Hume-Rothery’s relative valence 
principle: “ Other things being equal, a metal of 
lower valence is more likely to dissolve one of higher 
valence than vice versa.”  It should be pointed out, 
however, that silver-antimony does not seem to 
conform too well to this general picture. For this

(20) H. Jones, Proc. Phys. Soc. {London), 49, 243, 250 (1937).
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At this point it should perhaps be pointed out 
t hat Varley predicts that the ratio of the two limit- 
i ng heats of solution, in the absence of size effects, 
should be related as the third root of the inverse 
ratio of the two valences.18 This seems to be in 
reasonable agreement with the experimental results 
for silver-cadmium, but is not supported by the 
other data. However, it is open to question whether 
we are here entitled to compare quantitatively the 
data for solid and liquid alloys.

Friedel, in his comprehensive theoretical paper 
quoted above,17 also suggests a method by which 
the curvature of the heat of formation in the mod­
erately dilute range may be calculated. For this 
purpose he adopts a molecular orbital approach, 
and the curvature is obtained from a consideration 
of the screening of the extra charge associated with 
the solute ions and the displacement of the Fermi 
level. As a result of detailed calculations Friedel 
is able to make quantitative predictions, which 
briefly may be summarized as follows: If the 
effect of valence is stronger than the compli­
cating effects of size and strong chemical interac­
tion, the limiting curvature of the heat of formation 
curve will be determined by the difference in valence 
between solute and solvent. Thus a solute of 
lower valence than the solvent should give a nega­
tive curvature, while one of higher valence should 
give a positive curvature. Furthermore, for a given 
solvent metal we may expect the curvatures to be 
roughly proportional to the difference in valence. 
Using preliminary data furnished by the author, 
Friedel (ref. 17) was able to account quantitatively 
for the observed curvatures in the case of liquid

system the two limiting heats of solution and the
two limits of solid solubility are comparable in
magnitude.

solutions of silver in indium and in tin, and for 
solid solutions of cadmium in silver. In the pres­
ent work we are able to illustrate how the theory is 
confirmed also for the solid alloys of indium in sil­
ver. For this purpose we have in Fig. 2 included a 
plot of AH^/xin vs. 2xin. We note that the data 
within experimental precision fall on a straight 
line, and that the slope of this line is now essentially 
the same as for the regular silver-cadmium curve.

Unfortunately the data do not permit a similar 
determination of the curvature for the silver-tin 
and silver-antimony systems. However, the loca­
tion of the heat of formation minima for these sys­
tems (see above) lends additional qualitative sup­
port to the Friedel theory. Similar support may 
be obtained from the data on solution of silver in 
liquid cadmium and in solid antimony. In this con­
nection it may also be pointed out that the data on 
solution of copper in tin given in the preceding pa­
per3 gives, as it should, essentially the same nega­
tive limiting curvature as the data on silver in tin. 
However, the corresponding data for gold in tin 
show that in this case the effect of valence is over­
shadowed by the rather strong chemical interac­
tion. Thus the curvature is positive, but small.
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The heats of formation of solid and liquid binary alloys of copper with cadmium, indium, tin and antimony were deter­
mined calorimetrically at 450°. The data are compared with earlier calorimetric work and with heat data calculated from 
equilibrium studies.

Introduction
In recent communications the author has re­

ported on the heat of formation of alloys of silver 
with cadmium, indium, tin and antimony.1-2 In 
the present work similar results are presented for 
the copper alloys. The data will be compared with 
earlier work, and a discussion will be given of the 
more important features of the results. In a future 
paper3 corresponding information will be reported 
for the alloys involving gold.

(1) O. J. Kleppa. Acta Met., 3, 255 (1955).
(2) O. J. Kleppa, T his Journal, 60, 846 (1956).
(3) O. J. Kleppa. ibid., 60, 858 (1956).

Experimental
The heats of formation of the alloys which are liquid at 

450° were obtained by direct combination of solid copper 
and liquid solvent metal in the calorimeter. The heat data 
for the solid alloys were calculated from the heats of solution 
of the alloys in liquid tin (“tin solution calorimetry” ). In 
these calculations use was made of the previously reported 
calorimetric data for the dilute solutions of copper, cadmium, 
indium and antimony in tin.4

The metals used were all of 99.9+ % purity and were 
taken from the lots used in the earlier work. The solid 
alloys were prepared in the form of hollow cylinders of about 
10 g. total weight according to a method described else­
where.4 Individual samples, which contained from 0.02 to

(4) O. .1. Kleppa, ibid., 60, 842 (1956).
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0.04 g. atom of alloy, were cut from the annealed cylinders 
for use in the solution experiments. All calorimetric work 
was performed at 450°. Details of apparatus construction 
and calorimetric procedure have been given in earlier 
papers.1’6

Results
Liquid Alloys.— Heat data for the liquid alloys 

of copper-tin in the high tin range were reported 
previously.4 In the course of the present work 
the heat of solution of copper in cadmium and 
indium was determined. Under the existing con­
ditions the dissolution of copper in these liquid 
metals was quite slow (40 to 80 minutes reaction 
periods, the longer period for the higher copper 
contents). The results are recorded in Table I, 
and are included in Figs. 1 and 2 (see below). Due 
largely to the slowness of the reactions and the re­
stricted liquid range at 450°, it was not possible to 
establish the dependence of A //M/xcu on xcu■ The 
mean values of AHM/xcu obtained from the data in 
Table I are +1 .0  and +12.6 kj./g. atom, respec­
tively, for copper in cadmium and indium. The un­
certainty in these figures should be of the order 
of 0.5 kj. or less.

Table I
Molar Heats of Formation of Liquid Copper-C admium
a n d  Copper- I ndium Allots from Solid Copper and 

Liquid Cadmium, Respectively, Indium at 450°
Com­

position
XCu

Total
g.

atoms

A HM, 
joule/g. 

atom
Com­

position
«C u

Total
g-

atoms

ARM,
joule/g.

atom
(a) Cu-Cd (b) Cu-In

0.0381 0.8594 48 0.0222 0.7187 280
.0675 .8503 55 ..0329 .5179 414
.0890 .7403 79 .0494 .6216 627

.0789 .3911 760
If the heat of fusion of copper is 13.0 kj.,6 and if 

this value is assumed to be independent of tempera­
ture between the melting point of copper (1083°) 
and 450°, the values —12 and —0.4 kj. are ob­
tained for the relative partial molai heat contents of 
undercooled, liquid copper in cadmium and in­
dium. It is recalled that the corresponding value 
for liquid copper in tin is —1.3 kj./g. atom.4

To the knowledge of the author there is no in­
formation in the literature on the heat of formation 
of copper-indium alloys. However, for the cop­
per-cadmium system there exists a recent investi­
gation by Riccoboni, et al? At temperatures up 
to about 600° these investigators carried out a care­
ful e.m.f. study of liquid copper-cadmium alloys 
which contained from 40 to 100% cadmium. Based 
on a tenuous extrapolation of their results into the 
unexplored high-copper region they calculated in­
tegral free energy, heat and entropy data through 
integration of the appropriate Gibbs-Duhem-Mar- 
gules relations. It is well known that when ex­
trapolations are carried out over wide ranges in 
composition, the calculated integral data should be 
accepted with reservations. Therefore we are not 
surprised to find that the integral heats of mixing 
calculated by Riccoboni, et al., differ from the pres-

(5) O. J. Kleppa, T h is  J o u r n a l , 59, 175 (1955).
(6) O. Kubaschewski and E. L. Evans, “ Metallurgical Thermo­

chemistry,’ ’ Butterworth-Springer, London, 1951.
(7) L. Riccoboni, V. Genta, M. Fiorani and V. Valenti, Gazz. chim. 

al.. 84 , 982 (1954).

ent result: from their data at 602° we obtain a rela­
tive partial molal heat content of liquid copper in 
cadmium of about —3.3 kj./g. atom. This result 
should be compared with our value —12 kj./g. 
atom (at 450°).

Another comparison is possible between the cal­
culated data of Riccoboni, et al., and the present 
results: from Table II (below) we find that the 
heat of formation of a solid alloy containing 40% 
copper (“ Cu2Cd3” ) is —8.3 kj./g. atom (from solid 
copper and liquid cadmium, by interpolation of the 
two results relating to the 5-phase). The phase dia­
gram8 shows that this alloy melts congruently at 
563°, and in Kubaschewski and Evans6 its heat of 
fusion is given as 9.6 kj./g. atom. If we adopt the 
above-mentioned figure for the heat of fusion of 
copper, we calculate from these data a value of 
— 3.9 kj./g. atom for the integral heat of mixing at 
450° (undercooled liquid copper plus liquid cad­
mium, xcu =  0.4). In this calculation we have as­
sumed, for simplicity, that both the considered 
heats of fusion are independent of temperature. 
Therefore the value obtained may be associated 
with an uncertainty estimated to be of the order of 
20% or less. For the same alloy Riccoboni, et al., 
give an integral heat of mixing of — 2.0 kj. at 602°.

Table II
Molar H e a t s  of Formation of Solid Copper-C admium 
Alloys from Solid Copper and Liquid Cadmium at 450°

--------------Alloy------------- »
Composi­tion XCu, G. Tin +  alloy, Obsd. -ARM,

.— k j./ g . atom—.phase atoms g . atoms joule Result Av.
».6 6 5 , p 0.03119 0.8235 442.5 4.52

.03525 .8596 502.1 4.61 4.57
.657, P +  y .02719 .8695 395.8 4.89

.03429 .8506 492.7 4.77 4.83
.572, 7 .03173 .8432 483.3 6.01

.02954 .8317 454.4 6.14 6.07
• 560, 7 + 5 .02524 .8308 381.2 5.86

.03164 .8279 485.2 6.16 6.01
.425, S .02282 .8253 369.3 7.57

.02187 .8724 348.4 7.31 7.44
.383, 5 .02376 .8323 403.6 8.59

.02219 .8716 386.3 8.99

.01956 .8707 331.2 8.49

.02357 .8470 406.2 8.84 8.73

We may also compare this heat of mixing with the 
heat involved in the formation of the equivalent 
solid alloy from the solid elements. If we accept 
the heat of fusion of cadmium recommended by 
Kubaschewski and Evans6 (6.4 k j./g. atom), and 
assume this value to be independent of temperature 
between the melting point of cadmium (321°) and 
450°, we find for the solid alloy a value of —4.5 kj./ 
g. atom. This figure differs by less than the esti­
mated uncertainty from the corresponding heat of 
mixing.

In the temperature range 550 to 900° the vapor 
pressure of cadmium over liquid copper-cadmium 
alloys was studied by Schneider and Schmid.9 As 
a result of this work they concluded that the mix-

(8) “ Metals Handbook,”  American Society for Metals, Cleveland, 
Ohio, 1948.

(9) A. Schneider and H. Schmid, Z. Elektrochem., 48, 627 (1942).
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ing process for liquid alloys in this system should 
be slightly endothermic. This conclusion is contra­
dicted by the present data and also by the work of 
Riccoboni, et al.

Solid Alloys. Copper-Cadmium.— The phase 
diagram for this system8 indicates that the follow­
ing phases exist at 450°

ct f.c.c.

Atomic 
% Cd
0-1

(3 (“Cu2Cd” ) ?; complex 33.3
y ?; complex 42-43
8 ("ChfcCcU” ) complex cubic 57-63

L
( 7 -brass type) 
liquid 88-100

The obtained integral heats of formation for the 
solid alloys of copper-cadmium are recorded in 
Table II and are plotted vs. composition in Fig. 1.

Cu ATOMIC FRACTION,X Gd__„  Cd

Fig. 1.—Molar heats of formation of solid and liquid copper- 
cadmium alloys at 450°.

In this figure will be found also the data on liquid 
copper-cadmium alloys given in Table I.

Previously the heat of formation of the alloy 
“ Cu2Cd3”  (5) was determined by solution calorime­
try at room temperature by Biltz and co-work­
ers.10'11 These authors found a heat of formation 
of about —2.5 kj./g. atom. However, the scatter­
ing of the results indicated that this value might be 
in error by as much as 50%. It is estimated that 
the uncertainty in the present figure ( —4.5 kj./g. 
atom at 450°) should be of the order of ±0.25 kj.

Copper-Indium.— The phase diagram for this 
system was studied by Weibke and Eggers,12 and 
shows the following phases at 450°

(10) W. Biltz and C. Haase, Z. anorg. allgem. Chem., 129, 141 
(1923).

(11) W. Biltz, W. Wagner, H. Pieper and W. Holverscheit, ibid., 
134, 25 (1924).

(12) P. Weibke and H. Eggers, ibid., 220, 273 (1934).

a f.c.c.

Atomic 
% In
0-5

8 Ni As-type, super­ 29-31

v '

structure (?)13 
Ni As-type13 34-39

L Liquid 89-100

The results for this system are recorded in Table 
III, and are plotted vs. composition in Fig. 2. We 
have included in this figure the observations on 
liquid alloys given in Table I.

T a b l e  I I I
M o l a r  H e ats  o f  F o rm atio n  of Solid  C o pp e r - I n dium  
A llo ys  from  Solid  C o pp e r  an d  L iq u id  I n d iu m  a t  450°

-Alloy-
Composi­
tion a?Cu, 

phase
G.

atoms
Tin +
alloy, 

g. atoms
Obsd.
joule

-  AH**,
-—kj./g. atom—- 
Result Av.

0.911, «  +  5 0.02985 0.8213 347.7 1.48
.02675 .8599 313.6 1.49 1.49

.892, a +  S .02513 .8684 331.4 3.16
.02351 .8796 300.0 2.68
.04050 .8497 496.2 2.40
.02997 .8798 366.7 2.25 2.62

■ 706, 5 .02948 .8893 509.4 9.43
.02333 .8582 411.9 9.77 9.60

.697, 5 .03099 .8708 532.8 9.46
.03382 .8759 576.5 9.33 9.40

.662, v' .02960 .8599 486.0 9.08
.02803 .8813 462.4 9.15 9.12

■ 625, V .02862 .8893 449.3 8.79
.02554 .8770 408.3 9.06
.03012 .8453 473.6 8.83 8.89

Copper-Tin.—According to Raynor14 the follow­
ing phases exist at 450°

a f.c.c.

Atomic 
% Sn
0-8

8 complex cubic 20.5

«(*')
( 7 -brass type) 
orthorhombic 24.5-25.5

L
(distorted e-brass) 
liquid 82-100

The results obtained for copper-tin are recorded 
in Table IV, and are plotted vs. composition in Fig.
3. In this figure we have drawn also the previously 
determined heat of formation curve for liquid cop­
per-tin alloys in the high-tin range.4

In the past the- solid alloys of copper and tin 
have been studied by several groups of investi­
gators. 10'U'1S'16 Most data refer to the formation
of the e-phase (“ OmSn” ) from the solid elements at 
or near room temperature. For this alloy Biltz, 
et al.,10’11 give a AH M of —7.5 and —8.4 kj. at 20°, 
Kôrber and Oelsen15 give —7.5 (at 20°), Cohen, 
Leach and Bever16 report —7.82 ±  0.67 (at 0°), 
while the present work yields —7.61 ±  0.27 kj./g. 
atom at 450°.

(13) See, e.g., E. Hellner and F. Laves, Z. Naturforschung, A2, 177 
(1949).

(14) G. V. Raynor, Annotated Equil. Diagr. #2, Inst, of Metals, 
London, 1944.

(15) F. Kôrber and W. Oelsen, Mitt. Kaiser-Wilhelm Inst. Eisen- 
forschung, Düsseldorf, 19, 209 (1937).

(16) J. B. Cohen, J. S. L. Leach and M. Bever, J. Metals, 6, 1257 
(1955).
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In calculating this value from the data 
in Table IV we have set the heat of fusion 
of tin equal to 7.06 kj./g. atom,6 and we 
have assumed this value to be independent 
of temperature between the melting point 
of tin (232°) and 450°. The quoted result 
is the average of the six observations on 
alloys which contain from 24.7 to 25.5 %  
tin. The given uncertainty represents the 
mean deviation of individual observations 
from the unweighted mean, but does not 
include the possible error in the heat of 
fusion of tin. It will be noted that the 
agreement with the earlier work is excellent.
The data suggest that the Neumann-Kopp 
heat capacity rule may be fairly well satis­
fied for this alloy.

Cohen, Leach and Bever16 studied also 
the heat of formation of a copper-tin al­
loy with 8.1% tin. They dissolved in liquid 
tin alloys of this composition, which had
(a) been quenched to room temperature 
from the «-field at elevated temperature.
These specimens should therefore be super­
saturated with respect to o; (b) been an­
nealed for a period of 219 hr. at 254°; these 
alloys consisted of the two phases «  +  5.

The authors had some difficulty in ob­
taining reproducible results for the 
quenched specimens (submicroscopic pre­
cipitation of 5?), and give an approximate 
value of —0.73 kj./g. atom for the ap­
parent heat of formation of the quenched 
alloy. For the annealed alloy reproducibility was 
better, and the average of 12 experiments was —1.07 
kj./g. atom.

T able  IV
M olar H eats of F ormation of Solid Copper- T in 

A lloys from Solid C opper and L iquid T in at  450°
-Alloy -

'C u
1.0 0.8 0.6 0.4 0.2

Fig. 2.- -Molar heats of formation of solid and liquid copper-indium 
alloys at 450°.

Composi­
tion XCu , 

phase
G .

atoms

Tin +  
alloy,

g. a';oms
Obsd.
joule

—  AHM,
'—kj./g . atom—n 
Result Av.

.926, a 0 .0 351 9 0 8608 4 2 0 .0 1 .6 0
.03648 .8741 4 3 2 .7 1 .53 1 .5 7

. 9 1 4 ,  a + s .03065 .9184 3 6 8 .5 1 .7 5
.03489 .8384 4 1 6 .0 1 .73 1 .7 4 è

0

.798, S .03623 .8541 5 6 5 .3 6.66 0

.02946 .8521 4 7 1 .3 6 .9 9 6 .8 3
a»

.791, 5 .03917 .8575 6 1 5 .0 6.86 s

.03133 . 8528 4 8 5 .3 6 .5 8 6 .7 2 LU
_J

.753, e .03726 .8891 6 4 8 .4 8 .9 4
r>
0

.03034 . 8590 5 4 0 .3 9 .0 7 9 .0 1 0
_ j

.750, « .02474 .8590 4 4 1 .4 9 .3 2
.02565 . 8687 4 6 7 .4 9 .7 2 9 .5 2 2x

.745, ^ .02370 .9274 4 2 6 .4 9 .5 1 <

.02282 .8605 4 1 5 .6 9 .7 4 9 .6 3

The two first alloy compositions listed in Table 
IV average a tin content of 8.0%. Thus the aver­
age is essentially the same as in the alloy used by 
Cohen, Leach and Bever. The mean of the results 
listed in Table IV for these alloys is —1.65 ±  0.09 
kj./g. atom. If we adopt the mentioned value for 
the heat of fusion of tin we obtain —1.08 ±  0.09 
kj./g. atom for formation of the alloy from the

Fig. 3.— Molar heats of formation of solid and liquid copper- 
tin alleys at 450°.

FO
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solid elements at 450°. The agreement with 
Cohen, Leach and Bever’s value for the annealed 
alloy is excellent.

Copper-Antimony.— According to phase diagram 
information given by Schubert and Ilschner17 and 
by “ Metals Handbook,” 8 the following phases, all 
solid, exist in this system at 450°

Atomic
% Sb

f.c.c. 0-5
hex. c.p. 15-16
(e-brass type) 
hex. e.p. 17
(e-brass, ordered ?) 
orthorhombic 19
(e-brass, distorted) 
b.c.c. (?) 23-27
Tetr. 32.5-33.5
rhombohedral, ?-100

8-N rule

The calorimetric data for copper-antimony al­
loys are recorded in Table V, and are plotted vs. 
composition in Fig. 4.

- ----- *cu-
1.0 0 .8  0 .6  0 .4  0 .2  0

Fig. 4.— Molar heats of formation of copper-antimony al­
loys at 450°.

The heat of formation of the alloy “ Cu3Sb”  (/?) 
was determined previously by Biltz and Haase,10 
who recommend a value for AHM of the order of 
— 2 to —3 kj./g. atom. This is in reasonable 
agreement with our result —4.23 kj./g. atom for 
a-sb = 0.334. For comparison.it may also be 
pointed out that Kawakami’s18 calorimetric deter­
mination of the heat of mixing of liquid copper- 
antimony alloys at 1200° shows an extreme value of 
about —3.5 ±  0.5 kj./g. atom (for an alloy with 
•rsb ~  0.4).

Discussion
The heat data determined for the four systems 

covered in the present work are given in the form of 
a composite graph in Fig. 5. The results are plotted 
vs. composition, little attention being given to the 
location of the various solid-solid phase boundaries. 
All data refer to formation of the alloys from solid 
copper and liquid alloying element. As antimony is

(17) K . Schubert and M . Ilschner, Z. Metallkunde, 45, 366 (1954).
(18) M . Kawakarai, Set. Rep. Tohoku Imp. Univ.t 19, 521 (1930),

T a b l e  V
M o l a r  H e a t s  o f  F o r m a t i o n  o f  S o l i d  C o p p e r -  

A n t i m o n y  A l l o y s  a t  4 5 0 °
/-------------Alloy-------------•
Composi- Tin 4- AIIM,
tion xcu, 

phase
G.

atoms
alloy, 

g. atoms
Obsd.
joule

-—k j./g .
Result

atom— 
Av.

0 . 9 4 5 , a  -f- 77 0.03977 0.8586 436.5 +  0.35
.03386 .9054 373.1 +  0.41 +  0 .38

.934, a  -{- rj .03694 .8772 410.3 +  0.32
.03601 .8774 394.5 +  0 .50 +  0.41

.845, r} .03555 .8946 433.2 - 0 .3 1
.03816 .8616 460.8 - 0 .2 3 - 0 .2 7

.81 7 , 8 +  K .03424 .8807 423.8 - 0 .3 5
.03763 .9004 479.6 - 0 .7 6 - 0 .5 6

• 795, K +  0 .03391 .8884 431.8 - 0 .6 2
.03889 .8452 487.4 - 0 .4 9 - 0 .5 5

• 770, k +  /S .03316 .8636 394.2 +  0.33
.03310 .8849 395.6 +  0.27 +  0 .30

• 765, 0 .03353 .8570 391.1 +  0 .60
.03016 .8896 350.7 +  0 .67 +  0.64

• 726, /3 +  7 .03170 .8672 394.3 - 0 .0 8
.03369 .9034 440.2 - 0 .6 1
.03278 .8832 406.7 + 0 .0 5 - 0 . 2 1

•675, 7 .03156 .8532 5 1 5 .6 - 3 . 6 6
.03178 .8869 510.1 - 3 . 3 6 - 3 .5 1

.666, 7 .02761 .8540 4 6 9 .7 - 4 . 2 6
.02783 .9310 471 .9 - 4 .1 9 - 4 . 2 3

solid at 450°, the results for copper-antimony are 
referred to liquid, undercooled antimony of this 
temperature by adopting 19.8 kj./g. atom for its 
heat of fusion.6

From a fundamental point of view particular in­
terest is attached to the terminal solutions formed 
when cadmium, indium, tin and antimony are dis­
solved in copper, and vice versa. First we here re­
call that the solid solubilities of these metals in 
copper are quite restricted, at 450° ranging from 
about 1% for cadmium to 8%  for tin. Therefore 
only one calorimetric determination was carried out 
on alloys in the «-field proper (in Cu-Sn, ,Tsn = 
0.074). If we neglect the curvature of the heat of 
formation between 0 and 8%  tin, the result gives 
about —21 kj./g. atom for the “ limiting”  heat of 
solution of liquid tin in solid copper. In principle 
similar data may be calculated for the other sys­
tems if the measured heat data for alloys in the 
two-phase fields («  +  2nd solid phase) are extrapo­
lated to the known «-phase boundaries. In this 
way we estimate the heat of solution of liquid anti­
mony in solid copper to be of the order of —10 kj./ 
g. atom. For indium in copper the extrapolation is 
more uncertain, but a value near 0 is indicated. 
For cadmium the required data for the two-phase 
field are not available. However, from the low 
solid solubility in this system we can deduce that 
the heat of solution should be positive, although the 
actual magnitude cannot be established.

It is worth noting that the mentioned heats of 
solution agree qualitatively with the usual interpre­
tation of the effect of atomic size in the formation of 
metallic solid solutions: If we adopt the measures 
of atomic size advanced by the Hume-Rothery 
school, the “ size-factor”  for tin in copper is about 
+ 9 %  (i.e., the diameter of the tin atom is assumed 
to be about 9% larger than that of the copper 
atom), while the size-factor for antimony in copper 
is + 12, for cadmium in copper + 16  and for indium 
in copper about + 18%  (?). As the size-factor in-

a
V

s (?)

* (?)

13 ( “ Cu3Sb” ) 
7 ( “ CinSb” ) 
•‘Sb”
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creases, so does presumably the (positive) con­
tribution of the lattice “ misfit”  energy to the 
over-all heat of formation of the solid solution.
At first it is somewhat surprising to find that 
copper-cadmium, in spite of the slightly more 
favorable size-factor, appears to have a more 
positive heat of solution than copper-indium.
A possible explanation may rest in the fact 
that the chemical “ bonding”  between copper 
and indium at high copper contents is stronger.
Thus the larger positive misfit energy for cop- e 
per-indium may be more than balanced by the □ 
stronger interaction. The present data for the o* 
copper-antimony and copper-tin systems in­
dicate that size factors as low as 12 and 9% 
may be associated with significant positive con- -> 
tributions to the heat of formation. Thus we o 
note that even for copper-tin the over-all heat g 
of formation curve has a characteristic re-en- 5 
trant shape at the boundary of the «-phase.
This shape presumably arises from the misfit x 
energy being higher in the «-phase than in the 
neighboring phases. It is worth recalling that 
for the corresponding silver systems, which all 
have much smaller size factors, re-entrant heat 
of formation curves were not observed at the 
boundaries of the «-phases.

While the heats of solution of the liquid met-. 
als in copper show both positive and negative 
values, we note that the corresponding figures 
for solid copper in liquid cadmium, indium and 
tin are all positive. The values range from 
+  1.0 kj./g. atom in cadmium t o +11.7 in tin 
and +12.6 in indium. However, if we correct 
for the heat of fusion of copper by subtracting
13.0 kj. from these values,3 the figures change 
from positive to negative, although in tin and 
dium barely so.

Among the eight terminal solutions considered 
in the present work a reasonably reliable value for 
the limiting “ curvature”  of the heat of formation 
actually l/2(d2AHM/dx2) for small values of a;is avail­
able only for copper dissolved in liquid tin, —13.7 
kj./g.atom.4 However, for copper in liquid cadmium, 
an approximate value may be obtained from the 
above-mentioned work of Riccoboni, et al.,7 
namely, —5 to —10 kj./g. atom at 600°. Similarly 
there can be little doubt that a negative “ curva­
ture”  exists for moderately dilute solutions of cop­
per in indium. This may be inferred from a com­
parison of the strong interaction between copper 
and indium at moderate indium contents with the 
weak interaction at high indium concentrations. 
A value of —10 to —20 kj. for the “ curvature”  is 
indicated. From this we may conclude that our 
present data for the solutions of copper in liquid 
cadmium, indium and tin provide semi-quantita­
tive confirmation of Friedel’s “ valence rule.” 2'19

Let us next consider the compositions at which 
— AHu reaches extreme values (for the solid alloys 
formed from the solid elements). If copper is as­
sumed to be monovalent, cadmium divalent and 
so on, the maxima, with one exception, occur at 
electron concentrations between 1.6 and 1.8 elec­
trons per atom. It is here recalled that similar ob-

(19) J. Friedel, Advances in Phys., 3, 446 (1954).

x Cu •
1.0 0 .8  0 .6  0 .4  0 .2  O

Cu ATO M IC FRACTION, l - X Cu-------► Cd, In
S n ,S b

Fig. 5.— Composite graph of heats of formation of alloys 
of copper with cadmium, indium tin and antimony from solid 
copper and liquid alloying components.

servations were made previously for the corre­
sponding silver alloys. The analogy is particularly 
clear-cut for the systems involving indium and tin, 
which with both copper and silver show maxima at
1.6 (indium systems) and 1.75 electrons per atom 
(tin systems). It also is suggestive that if anti­
mony is assumed to be trivalent in the “ excep­
tional”  alloy “ Cu2Sb,”  its composition corresponds 
to 1.66 electrons per atom.

It finally is interesting to note that while the sil­
ver systems showed increasing chemical interac­
tion between the two components (as indicated by 
the magnitude of the maximum value of — AHM) in 
the sequence Ag-Sb <  Ag-Sn <  Ag-In <  Ag-Cd, 
the corresponding sequence for the copper alloys is 
Cu-Sb <  Cu-Cd(!) <  Cu-Sn <  Cu-In.

Copper and silver both show exceptionally weak 
“ bonding”  to antimony in the phases at Tsb ~  0.15 
to 0.20. However, in ‘Cu2Sb”  the magnitude of 
the interaction appears to fall in line with that of 
the other copper systems. It is particularly sur­
prising to note that cadmium, which shows the 
strongest interaction in the silver series, has 
dropped to second lowest place among the copper 
alloys. Previously we noted for the silver alloys a 
crude correlation between the magnitude of the 
heat of formation and the difference between the 
standard oxidation potentials of the component 
metals in aqueous solutions. The observed change 
in sequence for the copper alloys illustrates the

in-
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The heats of solution of gold in liquid cadmium and indium were determined at 450°. The heats of formation of the solid 
alloys of gold with cadmium, indium, tin and antimony were determined by the tin solution technique. The results are 
discussed and compared with the previously reported data for the copper and silver alloys.

Introduction
The present report completes an experimental 

survey of the thermochemistry of the binary alloys 
of copper, silver and gold with cadmium, indium, 
tin and antimony. The results for the copper and 
silver systems were presented recently.1-3 For 
these alloys all calorimetric determinations were 
carried out at one common reference temperature, 
450°. Similarly most of the data on the gold alloys 
were obtained at this temperature. However, for 
the low-melting intermetallic phases in the gold-tin 
system the heats of formation were determined at 
350° (“ AuSn” ) and 242° (“ AuSn2”  and “ AuSn4” ).

Experimental
All solid gold alloys were prepared in the form of 3 mm. 

rods of about 2-3 g. total weight according to a method de­
scribed previously.2 In other respects the experimental 
procedures were similar to those described for copper and 
silver alloys. All metals were taken from the lots used in 
the earlier work.

Results
Comparison with Earlier Data. Liquid Alloys.—

At 450° the liquid range of the system gold- 
cadmium extends to about 16 atomic %  gold, of 
gold-indium to about 14% and of gold-tin to 
about 76% gold. Data on the heat of solution 
of gold in tin at 450, 350 and 242° have been pre­
sented elsewhere.4 In the present work similar 
data are reported for gold in cadmium and indium 
at 450°. While the solution process for silver and 
copper in these metals was quite sluggish, gold dis­
solved rapidly (reaction periods of 15-20 minutes). 
The results obtained are given in Table I. It was 
found that within experimental precision AHM/x\u 
does not vary with x^u in the explored concentra­
tion range.

The average heats of solution are —48.4 ±  0.4 
for gold in cadmium and —33.05 ±  0.17 kj./g. 
atom for gold in indium. We recall that at 450° 
the limiting heat of solution for gold in tin is —19.73 
kj.4

(1) O. J. Kleppa, A c ta  M e t .,  3, 255 (1955).
(2) O. J. Kleppa, T h i s  J o u r n a l ,  60, 846 (1956).
(3) O. J. Kleppa, ibid., 60, 852 (1956).
(4) O. J. Kleppa, ibid., 60, 842 (1956).

T able I
M olar H eats of F ormation of L iquid G old- C admium  
and G old- I ndium A lloys from Solid G old and L iquid 

C admium , R espectively , I ndium at  450°
Com­

position
ZAu

Total
g-

atoms

-AtfM,
j-/g-
atom

Com­
position

ZAu
Total

g-
atoms

-A#M
j./g .

atom
(a ) Au-Cd (b) Au-In

0 .0 0 7 8 5 0 .9 5 8 6 380 0 .0 21 1 0 0 .4 0 1 9 692
.01047 .6998 507 .03436 .2754 1145
.01550 .5283 794 .04474 .1960 1486
.02194 .3495 1049 .07498 .1448 2472
.04217 .1910 2086 .1217 .0795 4013
.06893 .1279 3329 . 1621« .0822 8320
.1225 .1504 5890
“ At 450° this composition consists of a mixture of “ Au- 

In2”  and liquid.

If we set the heat of fusion of gold equal to 12.8 
kj.,6 and assume this value to be independent of 
temperature between the m.p. of gold (1063°) and 
450°, we obtain about —61, —46 and —33.5 kj./g. 
atom for the relative partial molal heat content of 
(undercooled) liquid gold in cadmium, indium and 
tin, respectively.

The vapor pressure of cadmium over liquid gold- 
cadmium alloys at higher temperatures and higher 
gold contents was studied by Schneider and 
Schmid.6 For an equiatomic mixture of gold and 
cadmium these authors calculated an integral heat 
of mixing ( — AH) of about 4 kj./g. atom. A con­
servative estimate based on extrapolation of the 
present data shows that this figure is much too 
low. This is confirmed by a calculation based on 
the data for solid gold-cadmium alloys given below 
(Table II).

The equilibrium phase diagram for the gold-cad­
mium system7 shows that a solid alloy of approxi­
mately equiatomic composition has a congruent 
melting point at 627°. According to Kubaschew- 
ski and Evans6 the heat of fusion of this alloy is
9.0 ±  0.6 kj./g. atom. We may use this informa­
tion to calculate the heat of mixing of the equi-

(5) O. Kubaschewski and E. LI. Evans, “ Metallurgical Thermo­
chemistry,”  Butterworth-Springer, London, 1951.

(6) A . Schneider and H . Schmid, Z. Elektrochem., 48, 627 (1952).
(7) M . Hansen, “ Aufbau der Zweistoffiegierungen,”  Berlin, 1936.
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T a b l e  II
M o l a r , H e a t s  o f  F o r m a t i o n  o f  S o l i d  G o l d - I n d i u m  

A l l o y s  f r o m  S o l i d  G o l d  a n d  L i q u i d  C a d m i u m  a t  450° 
— ------------- - A l lo y -------------- — n

C o m p o s i -  T i n  +  —  A  H M,
t io n  #Au. 

p ha se
G.

a to m s
U lo y ,  

g . a to m s
O b s d .
joule ' 1 j ■/g - 

R e s u lt
a to m — % 

A v .

0.928, « 0.01074 0.8035 -1 4 4 .2 4.33
.01096 .8517 -1 4 1 .5 4.83 4.58

.897, a .00931s .8686 -1 0 1 .1 6.11
,00946s .7845 -9 8 .3 6.58 6.35

.838, « 01081 .7766 -6 0 .4 9.81
.01098 .8265 -6 7 .3 9.30 9.56

.786, a .01130 .8142 -2 0 .3 12.28
.01141 .8585 -1 8 .9 12.40 12.34

.736, aa .00933 .8097 +  16.1 14.51
.00905 . 8338 + 18 .5 14.80 14.66

.682, a2 .00978 . 8573 53.9 16.86
,009795 .8615 52.2 16.68 16.77

.561, ß .01167 .8752 136.9 19.93
.01185 .8164 137.9 19.86 19.90

.533, ß .01256 .8112 166.3 20.71
.01248 .8217 160.7 20.35 20.53

.470, ß .01452 .8941 216.8 20.79
.01457 .8486 225.2 21.28 21.04

.449, ß .01423 .8609 225.7 21.17
.01434 .8812 221.9 20.77 20.97

•372, y .01483 .8341 229.8 18.78
.01402 8468 227.0 19.47
.01508 8601 236.2 18.94 19.06

.354, y .01379 8360 221.3 18.83
.01321 8906 210.5 18.72 18.78

.303, c .01228 .8669 219.2 19.28
.01168 .8327 207.8 19.21 19.25

.250, e .01135 .8631 223.6 19.74
.01063 .8674 202.7 19.12 19.43

atomic liquid mixture, form the heat of formation of 
the solid alloy ( ~  —21 kj./g. atom). If we neg­
lect the possible temperature dependence of the 
heats of fusion of gold and of “ AuCd,” we arrive at 
a value of —18.4 kj./g. atom at 450°. It is esti­
mated that the uncertainty in this figure may be of 
the order of 10%  or less.

It is of interest to compare this result with the 
heat of formation of the solid alloy from the solid 
components. With a heat of fusion of cadmium 
equal to 6.4 k j.,6 we obtain for “ AuCd”  a value of 
— 17.8 kj./g. atom.

There are, to the knowledge of the author, no 
heat data in the literature for gold-indium alloys.

Solid Alloys. Gold-Cadmium.— There is some 
disagreement in the literature regarding the details 
of the gold-cadmium phase diagram. According 
to information given by Hansen7 and by Owen 
and co-workers,8 supplemented by data of Bystrom 
and Almin,9 several phases should be stable at 450°, 
as listed in the tabulation given in the next columm. 
The results for solid alloys of gold-cadmium are re­
corded in Table II and are plotted vs. composition 
in Fig. 1. In this figure we have included also the

(8 )  E .  A .  O w e n  a n d  E .  A .  O ’D o n n e l R o b e rts ,  J. Inst. Metals, 66, 
3 89  (1 9 4 0 ) ;  E .  A .  O w e n  a n d  W .  H. R e es, ib id ., 67, 141 (1 9 4 1 ).

(9 ) A .  B y s t r o m  a n d  K. E .  A lm in ,  Acta Chem. Scand., 1, 76 (1947).

a f.c.c.

A t o m ic  
%  C d

0-23
a " cubic, ordered ~23
«2 c.p. nex. 25-35
ß b.c.c., ordered 43-57
7  (S') ? 62-65
€ ? 70-76
L Liquid 84-100

data on liquid gold-cadmium alloys recorded in 
Table I.

0 0.2  0-4 0.6 0.8 10

Au ATOM C FRACTION, Xcd --------*- Cd

Fig. 1.— Molar heats of fo.-mation for solid and liquid gold- 
cadmium alloys at 450°.

Previously Olander17 studied the solid gold-cad­
mium alloys containing more than about 20 atomic 
%  cadmium by the e.m.f. method. For alloys with 
lower cadmium contents the observed e.m.f.’s were 
not quite reproducib.e, presumably due to low 
rates of diffusion at the measuring temperatures 
(250-500°). Therefore Olander refrained from cal­
culating integral thermodynamic quantities from 
his equilibrium measurements. Later Weibke11 
noted that Olander’s data for alloys with 20 to 30% 
cadmium indicated little or no dependence of the 
relative partial molal heat content of cadmium 
(Lea) on composition. Thus all values of Zed 
fell between —36 and —40 kj./g. atom (referred 
to liquid cadmium), and the data showed no defi­
nite trend with changing composition. Weibke went 
on to assume that this would still hold true for 
lower cadmium contents. On this assumption he 
calculated a set of integral heat data from Olander’s 
experimental results.

Weibke’s assumption should be considered as a 
crude approximation only. Therefore it is not 
surprising to find that his integral heat data nu­
merically are somewhat too low: For an alloy with 
£au =  0.77 (a) Weibke calculated a AHM (from 
the solid elements at 350°) of —7.6 kj. From the 
present work we obtain the corresponding value 
-1 1 .4  at 450°.

(10) A .  O la n d e r ,  J . Am. Clem. Soc., 54, 3819 (1932).
(11) F. W e ib k e ,  Z . Metallkmde, 29, 79 (1937).
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Another comparison is possible between Oland- 
er’s Led for the a-phases and the present work: to 
facilitate this comparison we have in Fig. 2 plotted

gold-indium, silver-cadmium and silver-indium.

our experimental values of AHM/xcd vs. xcd- It 
will be noted that practically all the results fall on 
a smooth curve, which in the a -a 2-range may be 
approximated by the straight line.

AHM/xod =  — 6 6  +  40zcd kjoule (1)
From this expression we get

LCd =  — 26 — 40x 2au  kjoule (2)
At xau =  0.2 and 0.3 this gives Led =  —51-6 and 
— 45.6 k j., respectively. We recall that ölander’s 
experiments gave values from —36 to —40 kj. 
The agreement must be considered satisfactory.

From his e.m.f. study Ölander was able to ob­
tain important information on the heats and entro­
pies associated with several solid state transforma­
tions occurring in this system. It is evident that 
the present work, which is restricted to a study of 
phases which are stable at 450°, only to. a limited 
extent can add to this information. However, 
from our Fig. 1 it is apparent that the 7 (5')-phase 
has a higher enthalpy than a mixture of the neigh­
boring ß- and e-phases. From the quoted results 
we obtain for the hypothetical process
7  (xcd =  0.625) =  Va/S (xcd =  0.55) +

Vs* Ocd =  0.70) (450°) 
a heat of transformation of about —l.)  kj./g. 
atom.12 It should be stressed that because this 
number represents the difference between two much 
larger quantities, the uncertainty in this figure is 
quite large, perhaps 30-40%. However, the result 
is in excellent agreement with the value which is 
obtained from Ölander-Weibke, namely, about — 1 
kj./g . atom.

Gold-Indium.— According to Pfisterer,13 the fol­
lowing phases are stable in gold-indium at 450°

(12) W h e n  th e  t ra n s fo rm a t io n  does n o t  o c c u r s p o n ta n e o u s ly  a t  
450° i t  is  o f  co u rse  b ecause  o f  th e  h ig h e r  e n t ro p y  o f  th e  7 -p h a s e . 
T h is  is  b o rn e  o u t  b y  th e  a p p e a ra n ce  o f  th e  p h a se  d ia g ra m .7

(1 3 ) H .  P f is te re r ,  Z .  M e ta llk u n d e , 41, 95 (1950).

Vol. 60

a f.c.c.

A t o m ic
% In 
0-7

ß c.p. hex 16-21
S complex cubie ( 7 - 28.5-31 .s

“ Auln”
brass type) 

triclinio14 49-50
“ Aulnj” cubie (CaF2-type) 66.7
L liquid 8 6 - 1 0 0

The results of the experiments on gold-indium al­
loys are recorded in Table III, and are plotted vs. 
composition in Fig. 3. In this figure we have in­
cluded also the data on liquid gold-indium alloys 
given in Table I. A plot of the experimental val­
ues of AHu/xiv vs. xin for the solid gold-indium al­
loys is found in Fig. 2 along with the corresponding

Xau-

Fig. 3.— Molar heats of formation for solid and liquid gold- 
indium alloys at 450°.

curve for gold-cadmium. It will be seen that while 
the heats of formation of “ Auln”  and “ Aulnz” 
numerically are significantly larger than the heats 
of formation of the corresponding gold-cadmium 
alloys, the results for lower indium contents are 
very similar indeed. We note in particular that 
within experimental precision the limiting heat of 
solution of liquid indium in gold is about the same 
as for liquid cadmium.

Gold-Tin.— According to Hansen,7 three phases 
are stable in this alloy system at 450°

OL f.c.c.

Atomic 
% Sn
0-7

ß c.p. hex. 12 -14
L Liquid 2 4 -100

(14) K. Schubert and XL Rosier, Z. Metallkunde, 41, 298 (1950);
Naturwissenschaften, 40, 437 (1953).
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T a b l e  III
M o l a r  H e a t s o f  F o r m a t i o n o f  S o l i d G o l d - I n d i u m

A l l o y s  f r o m S o l i d  G o l d  a n d L i q u i d  I n d i u m a t  4 5 0 °
■■-------------------------A l l o y —

C o m p o s i - T i n  + - m
t io n  z a u , G . a l lo y , O b s d . '— k j . / s . a to m — ■>

p hase a to m s g . a to m s jo u le R e s u lt A v .

0 .9 2 8 , a 0 .00976 0 .8 8 0 0 - 1 3 4 . 9 4 .4 7
.00981 .8481 —  1 39 .9 4 .0 2 4 .2 5

.830, 0 .00735 .8304 -  4 6 .8 1 0 .07
,00730s .8377° -  4 7 .8 9 .8 4 9 .9 6

.800, 0 .00752 .8289 -  3 2 .7 1 1.52
.00780 .8367° -  3 2 .2 11 .6 8 1 1 .6 0

.715, 8 .00837 .8854 +  5 .8 14.90
.00875 .8941° +  6 .2 1 5 .0 0 1 4.95

.6 9 2 , 8 .00915 .8263 - f  16.1 1 5.59
.00924 .8356° +  12 .4 1 5.15 1 5.37

.50 0 , " A u l n ’ .00910 .8861 124.7 2 3 .8 8
.00746 .8322 9 6 .3 2 3 .0 8 2 3 .4 2
.01676 .8954 2 2 0 .0 2 3.31

.3 3 3 , " A u l m 1 .01036 .8907 2 0 9 .3 2 7 .2 0
.00969 .8648 191 .0 26.71 2 6.96

° In these cases the solid alloy was dissolved in the liquid 
solution formed in the previous experiment.

At lower temperatures the following phases, which 
all have very narrow ranges of homogeneity, also
exist

“ AuSn’ ’ NiAs-type 50 at. %  Sn, congruent

“ AuSn2” orthorhombic14
m.p. at 418°

66.7 at. %  Sn, peritectic

“ AuSn,” orthorhombic14
dec. at 309°

80 at. %  Sn, peritectic
dec. at 252°

The heat of formation of two alloys in the a and 
d regions was determined at 450°, that of “ AuSn” 
at 350°, while the alloys “AuSn2”  and “ AuSn4” 
were studied at 242°. The results of all experi­
ments are recorded in Table IV and are plotted vs. 
composition in Fig. 4. This figure also includes the 
previously determined heat of formation curve for 
liquid gold-tin alloys at 450°.4

T a b l e  IV
M o l a b  H e a t s  o f  F o r m a t i o n  o f  S o l i d  G o l d - T i n  A l l o y s  

f r o m  S o l i d  G o l d  a n d  L i q u i d  T i n

------------------------- A l lo y -----------------------*

T e m p .,
° C .

C o m p o s i­
t io n  XAu , 

p hase
G .

a to m s

T i n  -f- 
a l lo y ,  

g . a to m s
O b s d .
jo u le

— A H M,
'— k j. / g .  a to m — ' 

R e s u lt  A v .

450 0 .9 4 0 , a 0 .0 1 0 0 2 0 .9005 - 1 6 9 . 5 1 .5 6
.00988 .8776 —  168 .3 1 .4 3 1 .5 0

450 .87 0 , 0 .01109 .8519 - 1 6 7 . 0 2 .0 3
.01101 .86 29 “ - 1 6 6 . 8 1 .7 8 1 .9 1

350 .50 0 , " A u S n ” .01133 .8538 82 6 1 7.76
.01181 .8656“ 8 6 .9 17.81 1 7.78

242 .33 3 , “ A u S n ? ” .01419 .8352 142.6 1 7.74
.00966 .8448 9 7 .2 17.75 1 7.74

242 .20 0 , " A u S m ” .01092 .8374 8 5 .0 1 2 .3 9
.01120 .8485 9 0 .8 12.71 1 2.55

“ In these cases the solid alloy was dissolved in the liquid 
solution formed in the previous experiment.

In the past the heats of formation (from the solid 
elements) of “ AuSn”  and “ AuSn2”  were reported by 
Biltz, Rohlffs and Vogel.15 At 90° they found 
— 17.1 kj./g. atom for “ AuSn”  and —7.7 for “ Au- 
Sn2.”  If we set the heat of fusion of tin equal to
7.06 kj.,5 and assume this value to be independent

(1 5 ) W .  B i l t z ,  G .  R o h lf fs  a n d  H .  U .  v .  V o g e l ,  Z . an org . a llgem . 
C h em ., 220, 113 (1934).

Au ATOMI Z FRACTION ,  X $ n ------------► Sn

Fig. 4.— Molar heats of formation for solid and liquid gold- 
tin alloys.

of temperature between the melting point of tin 
(232°) and the temperatures of our measurements, 
we obtain from the present work the corresponding 
values —14.3 kj. (for “ AuSn”  at 350°) and —13.1 
kj. (for “ AuSn2”  at 242°). It is possible that 
part of the discrepancy between the data of Biltz, 
et al, and those of the present work could be due to 
the temperature dependence of the heat of forma­
tion. For the alloy “ AuSn”  this was checked by use 
of the heat capacity data reported by Kelley.16 It 
was found that the heat of formation should change 
by about 0.1 kj. only on going from 90 to 350°. 
This is less than the uncertainty of our reported 
value.

A value for the heat of formation of “ AuSn” 
may also be derived from the e.m.f. study of liquid 
gold-tin alloys previously published by the au­
thor.17 When the heat data for 600° obtained in 
this work are combined with the heat of fusion for 
“ AuSn”  given by Kubaschewski and Evans5 (12.8 
±  0.35 kj./g. atom), we obtain for “ AuSn”  (from 
the solid elements at 418°) a AHU of —12.4 kj./g. 
atom. In this calculation we neglected the possi­
ble temperature dependence of the heats of fusion 
of gold and tin, and of the heat of mixing of the 
liquid alloy between 600 and 418°. Now we know 
that liquid gold-tin alloys show considerable posi­
tive deviations from tie  Neumann-Kopp heat ca­
pacity rule in alloys with gold contents up to 30%.4 
If this could be taker, into account for the equi- 
atomic mixture, an even better agreement with the 
present work should result.

The two results on solid gold-tin alloys in the a- 
and /3-phases given in Table IV indicate that the 
heat of solution of liquid tin in gold should be of the 
order of —30 kj./g. atom at 450°. Numerically this 
is roughly one-half of what we found above for liquid 
cadmium and indium.

(1 6 ) K .  K .  K e l le y ,  U .  S . B u re a u  o f  M in e s ,  B u l l .  476, 1949.
(17) O .  J .  K le p p a , J . A m . C hem . S o c .,  72 , 3346 (1950).
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Gold-Antimony.—According to the equilibrium
diagram given by Hansen7 the following phases are
stable at 460°

a f.c.c.

Atomic 
% Sb
0-1 (?)

L Liquid 30-55
“ AuSb2” Cubic, FeS2-type 66.7
“ Sb” Rhombohedral, 8-N rule ?-100

Calorimetric experiments were performed with 
alloys of nominal composition 6, 66.7 and 95 
atomic %  antimony. The results are Recorded in 
Table V.

T a b l e  V
M o l a r  H e a t s  o r  F o rm atio n  of G old - A n t im o n y  A lloys  

a t  450°
.--------------------------A l l o y ------------------------- '

C o m p o s i­
t io n  #Au, 

p h a se
G .

a to m s

T i n  +  
a l lo y ,  

g . a to m s
O b s d .
jo u le

 ̂ AHM,
,— k j. / g .  a to m — n 
R e s u lt  A v .

0 .9 3 9 , a  +  L 0 .0 1 0 0 1 0.8681 1 97 .6 + 2 .2 4
.01003 .8272 1 99 .8 + 2 .4 1
.01004 .8200 2 1 3 .8 + 3 .1 3  + 2 .5 9

.333, “ A u S b z ” .01075 .8052 7 4 .3 - 3 . 1 5
.00680 .8290 4 6 .5 - 3 . 1 2  - 3 . 1 4

.05 0 , “ S b ” .01328 .8022 180 .7 + 0 .0 6
.01440 .8628 196 .3 +  0 .0 3  + 0 .0 5

It will be noted that the alloy which contains 95% 
antimony shows essentially zero heat of formation. 
Although we have no definite information on the 
extent of the (small) solid solubility of gold in anti­
mony at 450°, this confirms the positive sign of the 
limiting heat of solution of gold in antimony. It

x Au'

Cu A T O M IC  FRACTION, I -  X - ,  ---------► C d . ln
Sn , Sb

Fig. 5.— Composite graph of heats of formation for alloys 
of gold with cadmium, indium, tin and antimony from solid 
gold and liquid alloying components.

should be noted, however, that the alloy containing 
6%  Sb at 450° is 4/ 6 «-phase and Vs liquid alloy of 
.Tsb ~  0.3. Therefore the observed positive AHM 
for this alloy is due largely to the presence of the 
liquid phase.

More interest is attached to the data for “ Au- 
Sb2,”  where the present investigation shows a value 
of —3.14 kj./g. atom at 450°. This alloy was pre­
viously studied by Biltz, et al.,lb who at 90° found a 
AH M of —4.9 kj./g. atom. Later a value of —6.7 
kj. was calculated from e.m.f. work by Weibke and 
Schrag.18 However, due to difficulties with opera­
tion of their gold-antimony cells, they stressed that 
this result was an “ upper”  value, and recommended 
a figure intermediate between their own and that of 
Biltz, et al.

We may, as we did for “AuSn,”  refer our heat of 
formation of “ AuSb2”  to 90° by adopting heat ca­
pacity data for Au, Sb and “AuSbs”  recommended by 
Kelley.16 As a result we find at 90° a A H M of 
— 3.9 kj./g. atom. Thus the agreement with Biltz 
el al., is improved and must be considered as satis­
factory.

Discussion
The previous papers, covering the binary alloys 

of copper and silver with cadmium, indium, tin and 
antimony,1'-3 presented a good deal of new informa­
tion regarding the thermochemical properties of 
these alloys. As a whole this information, al­
though . restricted to the alloys stable at 450°, 
tended to confirm earlier conclusions which had 
been based almost exclusively on the appearance of 
the various binary phase diagrams.

(a) It was observed that the “ size-effect,”  while 
very pronounced in the copper systems, seemed to 
be of little significance in the silver alloys.

(b) It was confirmed that the chemical interac­
tion is of similar magnitude in the silver and copper 
systems, although differing significantly from one 
system to another.

(c) Finally it was noted that the difference in 
valence between the monovalent silver and copper 
on the one hand and the divalent cadmium, trival- 
ent indium, etc., on the other, gives rise to inter­
esting thermochemical similarities. In particular 
it was observed that the maximum values of — AH M 
(for the solid alloys from solid components) tended 
to be found at electron concentrations in the range
1.5 to 1.75 electrons per atom, and that the “ cur­
vatures”  of the heats of formation in the dilute re­
gions frequently were in reasonable agreement with 
Friedel’s predictions.19

As we now go on to consider the corresponding 
binary alloys involving gold interesting differences 
appear. In order to facilitate the present discus­
sion we give in Fig. 5 a composite graph of most of 
the heat data for gold alloys reported above. All 
data in this figure relate to the formation of the 
alloys from solid gold and liquid alloying elements, 
and the curves have been drawn without regard for 
the many solid-solid phase boundaries in these al­
loy systems. As antimony is solid at 450°, the data 
for “ AuSb2”  are referred to undercooled liquid anti­
mony by adopting 19.8 kj. for its heat of fusion.

(18) F .  Weibke .and G .  S ch ra g , Z . Elektrochem., 46, 658 (1940).
(1 9 ) J .  F r ie d e l,  Advances in P h y s . ,  3 , 446 (1954).
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The atomic radii of gold and silver are very simi­
lar. Since we observed no pronounced size ef­
fects (i.e., re-entrant heat curves centered on the a- 
boundaries3) in the silver systems, it was antici­
pated that the same should hold true for the gold 
alloys. With the exception of the gold-antimony 
system, for which we do not have heat data in 
the a-field proper, this appears to be confirmed 
by the experimental data.

If we consider next the strength of the chemical 
bonding we note for gold-cadmium, gold-indium 
and gold-tin that the heats of formation ( — AHM) 
are substantially increased compared to the silver 
and copper systems. However, this is not the 
case for gold-antimony. In a qualitative sense we 
may correlate the increased interaction for the 
three gold alloys with the increased “ electrochemi­
cal factor.”  It should be stressed that this stronger 
bonding is apparent both for the heat of solution 
of cadmium and indium in solid gold, for the heat 
of solution of gold in liquid cadmium, indium and 
tin, and for the maximum values of — AHM.

Finally we observe that the valence effects which 
were so pronounced in the silver and copper sys­
tems have all but disappeared in the gold alloys. 
We find, for example, that the heats of solution of 
solid cadmium, indium and tin in gold ( ~  —60, 
— 63 and —23 (?) kj./g. atom, respectively) are 
comparable in magnitude to the heats of solution

of liquid gold in the three liquid metals ( ~  —61, 
—46 and —33 kj.). Similarly we find no correla­
tions between the maxima for — AHM and the elec­
tron concentrations, and no clear-cut confirmation 
of Friedel’s curvature predictions. In fact, the ob­
served curvatures for solutions of gold in cadmium, 
indium and tin appear 10 be positive or near zero, 
rather than negative (as one might have expected 
according to Friedel). We note also from Fig. 2 
that the curvature (i.e., the slope) indicated for 
indium in gold is not Significantly larger than for 
cadmium in gold. We do find, however, that the 
curvature for cadmium in gold is very similar to the 
one previously obtained for cadmium in silver.2 
This may possibly be a significant point. It should 
finally be stressed that _t is of course possible that 
the apparent non-applicability of Friedel’s valence 
“ rule”  in the gold systems may be due to the strong 
interaction.2
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POLYMERIZATION AND DEPOLYMERIZATION PHENOMENA IN 
PHOSPHATE-METAPHOSPHATE SYSTEMS AT HIGHER TEMPERATURES. 

IV. CONDENSATION REACTIONS OF ALKALI METAL HYDROGEN
PHOSPHATES12

By R. K. Osterheld3 and M. M. M arkowitz

Department of Chemistry, Cornell University, Ithaca, New York
Received September 19, 1965

The reactions occurring when lithium dihydrogen orthophosphate, cesium dihydrogen orthophosphate and cesium mono­
hydrogen orthophosphate are individually heated were studied with the use of thermal analyses, X-ray and chemical anal­
yses, and weight loss data. Lithium dihydrogen orthophosphate decomposed at about 189" to form the dihydrogen pyro­
phosphate as an intermediate thermally stable at that temperature. At about 277° the rate of decomposition of the di­
hydrogen pyrophosphate to lithium metaphosphate became rapid. Cesium dihydrogen orthophosphate was converted at 
about 233° to a long-chain metaphosphate. Cesium dihydrogen pyrophosphate was an intermediate in the reaction. The 
conversion of cesium monohydrogen orthophosphate to cesium pyrophosphate became rapid at about 339°. These data 
were correlated with existing information on the alkali metal hydrogen phosphates. Tim relative thermal stabilities of 
these materials appear to depend upon the relative effects of the cations upon the hydrogen-oonding in the crystalline react­
ants.

The literature concerning the molecular dehy­
dration of the alkali metal hydrogen phosphates 
mainly describes the ultimate products of con­
densation and deals principally with the sodium 
and potassium compounds. Little has been done 
to elucidate the paths of the hydrogen phosphate 
aggregation reactions. Extending the previous

(1 ) A b s t ra c te d  f ro m  a  th e s is  s u b m it te d  b y  M .  M .  M a r k o w it z  in  
p a r t ia l  fu lf i l lm e n t  o f th e  re q u ire m e n ts  f o r  th e  de g re e  o f D o c to r  of 
P h ilo s o p h y ,  1953, C o r n e ll  U n iv e r s i t y .

(2 ) T h is  w o rk  w a s s u p p o r te d  b y  th e  O ff ic e  o f  N a v a l  R e s e a rc h .
(3 ) D e p a r tm e n t  o f  C h e m is t r y ,  M o n ta n a  S ta te  U n iv e r s i t y ,  M is s o u la , 

M o n ta n a .
(4 )  R .  K .  O s te rh e ld  a n d  L .  F .  A u d r ie t h ,  T h is  J o u r n a l , 56, 38 

(1952).

studies of this series,4“ 3 investigations have been 
carried out on the high temperature condensation 
reactions of the lithium and of the cesium hydrogen 
phosphates. Prior work on these compounds 
largely neglected the reaction course.7 _1° The addi­
tional information provided by the present investi-

(5) L . F . Audrieth, J .  R . Mills and L. E. Netherton, ibid., 58, 482 
(1954).

(6) R . K . Osterheld and R . P. Langguth, ibid., 59, 76 (1955).
(7) G . Tammann, J. prakt. C.iem., 45, 417 (1892).
(8) L . Hackspill and R . La iffenberger, Compt. rend., 193, 399 

(1933).
(9) H . N . Terem and S. Akala l, Rev. faculte sci. univ. Istanbul, 16A, 

14 (1951); C.A., 46, 4408fc (1952 .
(10) E. von Berg, Bcr., 34, 4181 (1901).
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Experimental Procedures
Descriptions of the experimental methods were presented 

in the earlier papers of this series.4-6 All differential ther­
mal analyses and thermal treatments in this work were 
carried out under low humidity conditions obtained by con­
tinuously sweeping out the furnace cavity (about 1 liter) 
with preheated dry air at a flow rate of about 100 ml. per 
minute. This procedure was adopted as a result of an ob­
servation reported below (see the beginning of the section 
on the thermal decomposition of lithium dihydrogen ortho­
phosphate). Use was made of differential thermal analyses 
to fix the temperatures of phase changes and the tempera­
tures at which chemical reactions became appreciable in 
rate. The behavior of samples at or near these tempera­
tures was then studied by means of weight loss measure­
ments and by chemical and X-ray analyses of the initial, 
intermediate and final products. The temperature meas­
urements are considered reliable to within 3°. A reaction 
temperature determined by thermal analysis is the tempera­
ture at which the rate of the reaction became appreciable 
in a steadily heated sample and is generally not the lowest 
temperature at which the reaction will occur.

Orthophosphate, total phosphorus content, long-chain 
metaphosphate and cyclic metaphosphate contents were de­
termined by the Jones procedure.11 Analyses for pyro­
phosphate and triphosphate were by the Bell method.11 12

Lithium dihydrogen orthophosphate was prepared by 
treating a slurry of lithium carbonate in water with a 50% 
excess of orthophosphoric acid. The solution was evapo­
rated until it became viscous. After cooling the solution, 
the salt was precipitated by addition of acetone. The salt 
thus obtained was heated with glacial acetic acid for two 
hours on a water-bath. The product was recovered by 
filtration, washed with acetone and dried to constant weight 
at 150°. Anal, of product: P 0 4-3, 90.6% (calcd., 91.4%).

Cesium dihydrogen orthophosphate was prepared by neu­
tralization of a solution of 55 g. of cesium hydroxide in 200 
ml. of water with 3 N  orthophosphoric acid to the methyl 
orange end-point. The resulting solution was concentrated 
by evaporation to half its original volume, cooled, and the 
salt precipitated by the addition of ethanol. Anal, of 
product: PO4-3, 41.0% (calcd., 41.3% ). The quantity

gation permitted some correlation of the thermal
behavior of the various alkali metal hydrogen phos­
phates.

Fig. 1.— Progress of the reaction: 2LiH2P 0 4 —*■ Li2H2P20 7 
+  H20.

(1 1 ) L .  T .  Jo n e s , I n d . E n g . C h em ., A n a l .  E d .,  14, 536 (1 9 4 2 ).
(1 2 ) R .  N .  B e ll ,  A n a l.  C h em ., 19, 97 (1 94 7).

of standard base required for titration of a sample of the 
product to the phenolphthalein end-point was 99.9% of the 
theoretical.

For the preparation of cesium monohydrogen orthophos­
phate 3 N  orthophosphoric acid was added to a solution of 
100 g. of cesium hydroxide in 300 ml. of water until the 
phenolphthalein end-point was reached. The solution was 
evaporated until crystals appeared on the surface of the 
liquid. The addition of absolute ethanol to the vigor­
ously stirred, cooled solution caused separation of an oily 
layer. Further heating and stirring of this layer with ab­
solute ethanol brought about crystallization of cesium mono­
hydrogen orthophosphate monohydrate. The crystallized 
product was dried at 100° for eight hours. Anal, of product: 
P 04-3, 25.0% (calcd. for the monohydrate, 25.0% ). T i­
tration of a sample of the product to the methyl orange end­
point required 100.3% of the theoretical quantity of standard 
acid. Dehydration of the monohydrate was carried out 
at 145°. Anal, of product: P 04-3, 26.3% (calcd. for an­
hydrous salt, 26.3% ). Both the monohydrate and the an­
hydrous salt were highly deliquescent.

Cesium dihydrogen pyrophosphate was prepared by heat­
ing cesium pyrophosphate with 1:1 acetic acid-water at 50° 
for two hours. The product was precipitated from the 
cooled solution by adding ethanol. It was washed with 
ether and dried for three hours at 60°. Anal, of product: 
P20 7-4, 38.5%; total P20 5, 31.7% (calcd., 39.4 and 32.1%, 
resp.).

Thermal Decomposition of Lithium Dihydrogen 
Orthophosphate.— Preliminary differential ther­
mal analyses of lithium dihydrogen orthophosphate 
showed the irregular appearance of an exothermic 
break at temperatures within the range 331-403°. 
This erratic behavior was found to be due to varia­
tions in the water vapor pressure within the fur­
nace muffle. The exothermic process was found to 
be reproducibly absent from the thermal analy­
sis curves when run under the low humidity 
conditions provided by sweeping out the furnace 
cavity with preheated dry air. On the other hand, 
the presence of a crucible of water in the furnace 
caused the regular appearance of the exothermic 
process.

Differential thermal analyses of lithium dihydro­
gen orthophosphate when carried out under low 
humidity conditions exhibited breaks at 189, 277 and 
656°, all corresponding to endothermic processes. 
Four samples of lithium dihydrogen orthophos­
phate heated to constant weight at 189, 205, 225 and 
230°, respectively, lost 0.550, 0.597, 0.532 and 0.537 
mole of water per gram formula weight of lithium 
dihydrogen orthophosphate. Analytical data for 
the constant weight samples appear in Table IA. 
Analyses of samples withdrawn at regular inter­
vals from the run at 189° are presented graphically 
in Fig. 1. The principal reaction at these tempera­
tures was

2LiH2P 04 — > Li2H2P20 7 +  H -0
Although considerable lithium metaphosphate was 
produced in a side reaction, the lithium dihydrogen 
pyrophosphate, once formed, was converted to 
lithium metaphosphate only very slowly. The 189° 
break was absent from the thermal analysis curves 
of the four constant weight materials. An X-ray 
diffraction pattern of the product obtained at 205° 
contained new lines which were attributed to 
lithium dihydrogen pyrophosphate.

Investigation of the processes corresponding to 
the 277 and 656° breaks was carried out on samples 
of lithium dihydrogen orthophosphate previously 
heated to constant weight at 230°, i.e., on samples
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of lithium dihydrogen pyrophosphate containing 
significant quantities of metaphosphate. Attempts 
to prepare pure lithium dihydrogen pyrophosphate 
by a method analogous to that used for cesium 
dihydrogen pyrophosphate were unsuccessful. Ana­
lytical data for the products obtained by heating 
lithium dihydrogen pyrophosphate samples to 
constant weight at 275, 280 and 285° appear in 
Table IB. The reaction becoming rapid at 277° 
must be

n L i 2H 2P 20 7  — >  2 ( L i P 0 3) n  +  reH 20

X-Ray diffraction patterns for the analytical 
samples removed frdm file material heated at 275° 
showed a steady disappearance of the lines at­
tributed to lithium dihydrogen pyrophosphate and 
a regular increase in the strength of a new set of 
lines attributed to lithium metaphosphate. There 
was no indication in the chemical or X-ray analy­
ses of the formation of any stable intermediates.

The lithium metaphosphate melted at 656°, 
and it recrystallized on slow cooling. Quenching 
of the melt produced a clear water-soluble glass. 
End-group analyses13 of the glass produced by 
quenching from 800° showed a number average 
chain length of twenty P 0 3~ units. For the glass 
quenched from 1000° a chain length of eighteen 
units was found. The powdered lithium meta­
phosphate glass crystallized exothermically at 359° 
to produce the original metaphosphate, verified by 
the X-ray diffraction pattern. The crystalline 
lithium metaphosphate was a white, water-insoluble 
substance. In common with a number of insoluble 
metaphosphates, it was slightly soluble in pyrophos­
phate solutions.

Thermal Decomposition of Lithium Monohydro­
gen Orthophosphate.— Inability to prepare lithium 
monohydrogen orthophosphate prevented the in­
vestigation of its thermal decomposition. Although 
titration studies indicate the formation of mono­
hydrogen orthophosphate in solution in the neu­
tralization of orthophosphoric acid with lithium 
hydroxide,14 a solid phase of lithium monohydrogen 
orthophosphate does not appear in the system 
LiaO-PsOs-IEO at 0 or 20°.16 Attempts to crystal­
lize the monohydrogen orthophosphate from solu­
tion produce instead the less soluble hydrated 
trilithium orthophosphate. For this investiga­
tion preparation by the following reactions between 
solids was also attempted without success

L i i P 0 4 +  L i H 2P 0 4 — >  2 L i 2H P 0 4 (a)
2 L i H 2P 0 4 +  L i 2C 0 3 — > 2 L i 2H P 0 4 +  C 0 2 +  H 20  ( b )

Thermal Decomposition of Cesium Dihydrogen 
Orthophosphate.— Differential thermal analyses of 
cesium dihydrogen orthophosphate exhibited five 
endothermic breaks appearing at 233, 263, 330, 480 
and 735°. The last two were reversible, appearing 
also on cooling curves. Samples of cesium dihydro­
gen orthophosphate heated to constant weight at 
234° and at 250° each lost 1.01 moles of water 
per gram formula weight of the orthophosphate. 
Analyses of the constant weight samples are pre-

(1 3 ) J. R .  V a n  W a z e r ,  J. Am. Chem. Soc., 72, 639, 647 (1950).
(1 4 ) T r a v e r s  a n d  P e rro n ,  Ann. chim., [1 0 ] 1 , 135 (1924).
(1 5 ) A . P. R o l le t  a n d  R .  L a u d e n b e rg e r ,  Bull. soc. chim., [5 ] 1, 146 

(1 93 4).

T a b l e  I
T h e r m a l  D e c o m po sitio n  o p  L it h iu m  H yd r o u e n  P h o s ­

p h a t e s
Temp., Heating % ,  o f  total P as

°C. time, hr. P 04-3 P2O7-4 PaOio-6 (POj~ )n o

A. Lithium dihydrogen orthophosphate
189 14 2.5 86.4 0.0 11.1
205 12 1.6 82.4 0.0 16.0
225 3 0.9 91.8 0.0 7.3
230 6 0.7 89.2 0 .0 10.1

B. Lithium dihydrogen pyrophosphate
275 0C 0.0 93.5 0.0 6.5

2 0.0 71.8 0.0 28.2
4 0.0 38.6 0.0 61.4
6 0.0 19.9 0.0 81.1
8 0.0 13.4 0.0 86.6

10 0.0 10.3 0.0 89.7
280 0' 0.0 90.7 0.0 9.3

8 0.0 4.1 b 95.9
285 . 0' 0.0 89.2 0.0 10.8

10 0.0 3.2 b 96.8
0 By difference, due to solubility in presence of pyro­

phosphate. (P 0 3~)„ refers to linear polymetaphosphate. 
6 Entire titration value assigned to pyrophosphate since 
coprecipitation of metaphosphate with zinc pyrophosphate 
prevented independent determination of pyrophosphate. 
c The 0 hr. sample is the product obtained by heating 
lithium dihydrogen orthophosphate to constant weight at 
230°.

sented in Table IIA. Analytical data for samples 
withdrawn at regular intervals during the run at 
234° appear in Fig. 2. At both temperatures the 
pyrophosphate content built up and then decreased, 
the samples finally being converted to cesium meta­
phosphate. The breaks at 233, 263 and 330° were 
absent from the thermal analysis curves for the 
constant weight products. On the other hand, 
the breaks at 263 and 330° were exhibited strongly 
in thermal analyses of pure cesium dihydrogen pyro­
phosphate prepared as stated under Experimental
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Procedures and of impure samples of cesium di­
hydrogen pyrophosphate prepared by heating ce­
sium dihydrogen orthophosphate at temperatures 
from 234 to 300° to the loss of from half to three- 
quarters of the constitutional water. The 233° 
break was attributed to the attainment of an 
appreciable rate by the process

2CsH2P 0 4 — >  Cs2H2P20 7 +  H20
The 263 and 330° breaks were associated with the 
cesium dihydrogen pyrophosphate and its conver­
sion to metaphosphate, although the reaction 
could be carried essentially to completion at lower 
temperatures. Data for the conversion of cesium 
dihydrogen pyrophosphate to cesium metaphos­
phate at 250 and at 275° appear in Table IIB.

T a b l e  II
T h e r m a l  D e c o m p o s i t i o n  o f  C e s i u m  H y d r o g e n  P h o s ­

p h a t e s

Heating %  of total P as
Temp., time, Linear Cyclic

°C . hr. PO4 - 3 P2O7 -«* (PO3 - )»  (POa ~ )n

A. Cesium dihydrogen orthophosphate
234 16 0.0 6.7 89.6 0.0
250 18 0.0 2.2 94.9

B. Cesium dihydrogen pyrophosphate
250 0 100.0 0.0 0.0

22 3.1 95.3 0.0
275 0 100.0 0.0 0.0

6 1.8 93.7 0.0
0 See note b, Table I.

Two possible interpretations of the 263 and 330° 
breaks among those considered were: that a phase 
change or changes occurred in unreacted cesium 
dihydrogen pyrophosphate or that there was a 
change or changes in a rate controlling aspect of the 
process (e.g., assuming the reaction to be con­
trolled by diffusion of water away from the reac­
tion site, an increase in the diffusion rate as the 
result of recrystallization of the diffusion barrier). 
Considerably more work will be necessary before 
these interpretations can be assessed. The breaks 
could not be attributed to changes in the molecular 
or crystal structure of the metaphosphate product 
since they did not appear in thermal analyses of 
cesium metaphosphate prepared at 234 or 250°. 
It was possible that the breaks corresponded to 
processes involving a reaction intermediate or side- 
product although any such material must have 
been present only in small amount. The chemical 
analyses generally did not account for all the phos­
phorus content; however, the unaccounted for 
portion in samples heated at 234, 250 and 275° was 
small (less than 5% of the phosphorus content), 
and X-ray patterns for the analytical samples 
showed no lines other than those attributable to 
cesium dihydrogen orthophosphate, cesium dihy­
drogen pyrophosphate and cesium metaphosphate. 
On the other hand, a sample of cesium dihydrogen 
pyrophosphate heated at 300° (between the tem­
peratures of the two unaccounted for breaks) to a 
loss of 0.467 mole of water per mole of cesium di­
hydrogen pyrophosphate showed the largest 
amount of unaccounted for material, analyzed as: 
%  of total P as: P 04%  0.0; P20 - - 4, 47.9; (PO-r)n, 
43.5; cyclic (P 03~)„, 0.0; unaccounted for, 8.6%.

The cesium metaphosphate produced by the 
thermal decomposition of cesium dihydrogen or­
thophosphate or of cesium dihydrogen pyrophos­
phate underwent a crystallographic transition at 
480° and melted at 735°. Even rapid quenching 
of the melt from 1000° (by dropping it into chloro­
form at —70°) failed to produce any glassy meta­
phosphate. However, the quenched material con­
sisted of shorter metaphosphate chains than mate­
rial cooled slowly from 1000°. Analyses showed 
the quenched material contained 5.4 wt. %  of 
cyclic metaphosphates; the slowly cooled mate­
rial contained none. End-group analyses13 showed 
a number average chain length of 40 P 0 3~ units 
for the quenched material (corrected for cyclic 
metaphosphate content) compared to 112 units 
for the slowly cooled material. The X-ray dif­
fraction patterns of the two products were the 
same within the precision of the 57.3 mm. diameter 
camera used. The quenched cesium metaphos­
phate was readily soluble in water; the slowly 
cooled product gelled in water, dissolving slowly 
to give a very viscous Solution.

Thermal Decomposition of Cesium Monohydro­
gen Orthophosphate.— An endothermic break ap­
peared at 339° in the differential thermal analyses 
of cesium monohydrogen orthophosphate. Analy­
ses of the product showed the process to be the 
conversion of the monohydrogen orthophosphate to 
cesium pyrophosphate

2Cs2H P 04 — >  Cs3P20 , +  H20
The cesium pyrophosphate underwent a reversible 
crystallographic transition at 238° and melted at 
965°.

Discussion of Results
The data reported in this paper are compared 

in Table III with information from previous papers 
of this series. The range of the reaction tempera­
tures listed is surprisingly small (compare the 
thermal decomposition of carbonates: PbC03, dec. 
315°; BaC03, dec. above 1000°). It is known 
that the H2P 04~ anions of solid KH2P 04 are hydro- 
gen-bonded into a three-dimensional network, all 
of the oxygen and hydrogen atoms being involved 
in the hydrogen bonds.16 It may be assumed that 
the other dihydrogen orthophosphates listed possess 
structures with comparable hydrogen-bonding. 
The thermal decompositions of the dihydrogen or­
thophosphates then may all be viewed as the con­
version of one type of anionic condensation (hydro­
gen bonding) to another (oxygen bridging). The 
actual details of each reaction, at least of the 
initiation of reaction, and of the immediate sur­
roundings of the reaction site are probably quite 
similar throughout the series of reactants. This 
would account for the small range of reaction 
temperatures. The contribution of the hydrogen 
bonding to properties of these compounds has al­
ready been noted by Ubbelohde and co-workers. 
On the basis of experiments on the effects of the 
replacement of hydrogen by deuterium and of 
potassium by ammonium in potassium dihydrogen 
orthophosphate, it was suggested that “ . . . in the 
acid phosphates the hydrogen bonds must make a

(1 6 ) J .  W e s t ,  Z .  K r is t . ,  74, 306 (1 93 0).
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T a b l e  III
T h e r m a l  D eco m p o sit io n  of D ii-iy d r o g e n  Or th o ph o s­

ph ate s

Reactant
Cation

radius,0

Reaction rate 
appreciable 

at temp.,
A. °c.

Principal initial 
product6

l ìh 2p o 4 0 .6 8 189 LÌ2II2P2O7
NaH2P 0 4 0 .9 7 200 Na2H2P2 0 7
KH 2PO. 1 .33 208 [K2H 2P20 7]
CsEfiPOi 1.67 233 [Cs2H2P20,1
Pb(H 2P 0 4) 2 1 .2 0 208 [PbH2P20 7]
Ba(H2P 0 4) 2 1 .3 4 243 [BaH2P20 7]

“ From L. H. Ahrens, Geochim. Cosmochim. Acta, 2 , 155 
(1952). b Brackets indicate the product undergoes further 
decomposition at the temperature listed.

contribution to the lattice structure such that 
quite different arrangements of atoms can have 
much the same stability and lattice free energy.” 17 
A trend is apparent toward lower reaction tem­
peratures with the smaller cations. This is the 
usual trend for the thermal decomposition of a 
series of salts of an oxy-acid. It is likely here that 
polarization of the oxygen atoms by the smaller 
cations weakens the oxygen-hydrogen bonds and

(17) A .  R .  U b b e lo h d e  a n d  I .  W o o d w a rd ,  P r o c . R o y .  S oc . {L o n d o n ) ,  
A179, 399 (1942).

the oxygen-phosphorus bonds, rendering them more 
liable to thermal rupture and also that the lighter 
atoms have a greater amplitude of thermal vibra­
tion leading to decomposition at lower tempera­
tures.

T a b l e  IV
T h e r m a l  D ecom po sitio n  of M on o h yd ro g en  O r th o ph o s ­

ph ate s

R e a c ta n t
C a t io n  

ra d iu s , Â .

R e a c t io n  ra te  
a p p re c ia b le  a t  

te m p ., ° C . P r o d u c t

Na2H P04 0 .9 7 240 Na4P20 7
k 2h p o 4 1 .33 282 k 4p 2o 7

Cs2H P 0 4 * 1 .6 7 339 Cs4P20 ,

The degree of hydrogen bonding in the mono­
hydrogen orthophosphates, from purely stoichio­
metric considerations, must be less than in the 
dihydrogen orthophosphates. In the monohydro­
gen orthophosphates hydrogen bonding can then 
be expected to make a smaller contribution to the 
crystal properties. For a smaller range of cations, 
a greater range of decomposition temperatures is 
noted (Table IV). The trend in reaction tem­
perature with cation size is the same as for the 
dihydrogen orthophosphates and for salts of oxy- 
acids in general.

THE APPLICATION OF THE ABSOLUTE RATE THEORY TO THE IGNITION 
OF PROPAGATIVELY REACTING SYSTEMS. THE THERAIAL IGNITION 
OF THE SYSTEMS LITHIUM NITRATE-MAGNESIUM, SODIUM NITRATE-

MAGNESIUM1
B y  E li S. F r e e m a n  a n d  Sa u l  G ordon

Pyrotechnics Chemical Research Laboratory, Picatinny Arsenal, Dover, N. J .
R ece iv ed  S ep tem b er  2 1 , 1 9 5 5

Upon heating intimate mixtures of finely divided alkali nitrates with powdered magnesium at temperatures greater than 
480°, ignition ensues, accompanied by a highly exothermal self-propagating reaction. In this investigation, the thermal 
ignition of the binary systems, lithium nitrate-magnesium and sodium nitrate-magnesium, was studied by measuring the 
time to ignition as a function of temperature. The experimental data indicate that, to a first approximation, the duration 
of the induction period prior to ignition, depends upon the accumulation of a specific minimum amount of heat. By the 
application of the technique of differential thermal analysis, it was shown that the increase in temperature during the induc­
tion or pre-ignition stage of tne reaction is relatively small. The data appear to support a proposed theory for self-propagat­
ing exothermal reactions, expressed in terms of the absolute rate theory. The derived expressions relate the time to ignition, 
to the specific rate, free energy, entropy and energy of activation of the pre-ignition reaction. The calculated and observed 
ignition times are in relatively good agreement.

Introduction
The concept of pre-ignition reactions was formu­

lated during the latter part, of the 19th century.2 
Semenov3 expressed the relationship between the 
time for ignition and the temperature of the system 
as

t =  A 'eE,RT
(definition of symbols in Appendix). The form of 
this equation is followed by a large number of

(1 ) T h is  p a p e r w a s  p re s e n te d  in  p a r t ,  b e fo re  th e  D iv is io n  o f P h y s ic a l 
a n d  In o r g a n ic  C h e m is t r y  a t  th e  N a t io n a l M e e t in g  o f th e  A m e r ic a n  
C h e m ic a l S o c ie ty  in  N e w  Y o r k ,  S e p t. ,  1954.

(2 ) V a n ’t  H o f f ,  “ É tu d e s  de  D y n a m iq u e  C h im iq u e ,”  1884.
(3 ) N .  S e m e n o v , “ C h e m ic a l K in e t ic s  a n d  C h a in  R e a c t io n s ,”  

O x f o r d ,  C h .  18, 1935.

propagatively reacting systems, such as explosives,4 
propellants and pyrotechnic compositions. The 
validity of applying this empirical relationship ap­
pears to be independently corroborated by the 
derivation presented in this paper, which is based 
upon the application of modern rate theory. The 
derivation also gives a physical significance to the 
coefficient, A, which is not apparent in the Seme­
nov relationship. Eyring and Zwolinski5 used 
the absolute rate theory to predict the minimum 
ignition temperature of magnesium in oxygen, but 
did not consider the time to ignition.

(4 ) H .  H e n k in  a n d  R .  M c G i l l ,  I n d . E n g . C h em ., 44, 1391 (1 95 2).
(5 ) H .  E y r in g  a n d  B .  J .  Z w o l in s k i,  R ec. C hem . P ro g .,  8 , 87 (1947).
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Due to the importance of this factor, expressions 
have been derived relating the time to ignition to 
the specific rate, the energy of activation, the free 
energy of activation and the entropy of activation of 
the preignition reaction. The systems lithium 
nitrate-magnesium and sodium nitrate-magnesium 
were studied by measuring the time to ignition as a 
function of temperature. The theoretical and ex­
perimental times to ignition are presented.

480 500 520 540 560 580 600 
Temp., °C.

Fig. 1.— Time to ignition of mixture of 250 mg. of lithium 
nitrate and 25 mg. of magnesium as a function of tem­
perature.

Temp., °C.
Fig. 2.— Time to ignition of mixture of 200 mg. of sodium 

nitrate and 100 mg. of magnesium as a function of tem­
perature.

Experimental
The atomized (spherical) magnesium powder, 60/80 

U. S. Standard Sieve fraction, specific surface 176 cm.2/g ., 
was obtained from the Golwynne Chemical Corporation. 
The specific surface was measured by the air permeability 
method using the Picatinny Arsenal Particle Size Apparatus.6 
The lithium and sodium nitrate were purchased from the 
Fisher Chemical Company and are of C.p . grade. Mixtures 
of 200 mg. of ground sodium nitrate and 100 mg. of magne­
sium and 250 mg. of lithium nitrate and 25 mg. of magne­
sium were weighed, placed in small copper blasting caps 
(Special, Type 2), No. 33 B & S gauge, 5 mm. in diameter 
and 3 cm. long, and kept in a desiccator prior to use. The 
blasting caps containing the composition were plunged 
into a molten lead bath maintained at the desired tempera­
ture to ± 2 ° .7 The moment the sample entered the bath, 
a circuit was closed by means of a microswitch, automati­
cally starting a timer. At the first appearance of light re­
sulting from the reaction, the clock was stopped manually. 
The over-all timing error for these operations is estimated 
to be ± 0 .2  second, and is negligible with respect to the 
measured times. By determining the time required to melt 
barium nitrate crystals, it was found that when the bath 
temperature is 600°, it takes 0.2 second for rhe crystals at 
the inner surface of the blasting cap to attain a temperature 
of 590°. The equipment used for the differential thermal 
analyses (D TA) of the compositions, has been previously 
described.8 The differential temperatures of the samples 
were recorded with respect to an inert substance, aluminum 
oxide, as the temperature of the furnace was increased at a 
rate of approximately 15° per minute. The compositions 
studied by D TA were, 5 g. of lithium nitrate-1 g. of magne­
sium and 5 g. of sodium nitrate-1 g. of magnesium.

Results and Discussion
From graphs of the time to ignition vs. tempera­

tures, Figs. 1 and 2, it is seen that the minimum ig­
nition temperatures of the lithium nitrate-magne­
sium and sodium nitrate-magnesium systems are 
480 and 570°, respectively. The largest dispersion 
of points occurs at these values, where changes in 
temperature as small as 1 to 2° result in either rela­
tively large changes in ignition time or ignition 
failure. This illustrates the sensitivity of the sys­
tems to the heat balance boundary condition which, 
when exceeded, results in ignition. The condition 
is that the rate of heat produced by the pre-ignition 
reaction equals the rate of heat dissipation.

A considerable amount of information concern­
ing the thermal behavior of the systems during the 
pre-ignition reaction may be obtained from the 
differential thermal analyses (see Figs. 3 and 4). 
Figure 3, represents the reaction of sodium nitrate 
and magnesium. At approximately 280° an endo- 
therm is observed, which is attributed to the rota­
tion of the nitrate ion in the crystal followed by a 
lattic expansion.9 The endotherm, at 315°, re­
sults from the melting of the sodium nitrate crys­
tals, after which a new reference level is attained 
due to the greater thermal conductivity of the 
melt with respect to the solid.8 No other promi­
nent thermal effects are noted until a temperature 
of 550° is attahied, at which point there is a sharp 
increase in temperature, due to a highly exothermal 
self-propagating reaction which is accompanied by 
ignition. Figure 4 shows a similar curve for lith-

( 6 )  B .  D u b r o w  a n d  M .  N ie ra d k a ,  Anal. Chem., 27, 302 (1 95 5).
(7 ) S . G o r d o n  a n d  C .  C a m p b e ll,  “ F i f t h  S y m p o s iu m  ( In t e r n a t io n a l)  

o n  C o m b u s t io n ,”  R e in h o ld  P u b l.  C o r p . ,  N e w  Y o r k ,  N .  Y . ,  1954, p . 
277.

(8 )  S . G o r d o n  a n d  C .  C a m p b e ll,  A n a l.  C h em ., 27, 1102 (1955).
(9 ) S . G la s s to n e , “ T e x t b o o k  o f  P h y s ic a l C h e m is t r y , ”  D .  V a n  N o s ­

t ra n d  C o . ,  In c . ,  N e w  Y o r k ,  N .  Y . ,  1946, p . 423.
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ium nitrate-magnesium. An endotherm repre­
senting a fusion is observed at approximately 268°, 
and at 457° there is a rapid increase in temperature, 
accompanied by ignition. For both compositions 
there is only a small increase in temperature (about 
3°) prior to the rapid exothermal reaction, at which 
point, within several tenths of a second, ignition is 
observed.

Considering the time to ignition as a function of 
temperature, where the induction period was found 
to vary from 4 to 95 seconds, it appears that a rela­
tively long, slow pre-ignition reaction occurs prior 
to ignition (see Figs. 1 and 2). The thermal energy 
accumulated by the system as the pre-ignition reac­
tion proceeds results in a small increase in tempera­
ture. During this induction period, the rate of 
the pre-ignition reaction increases to a relatively 
small extent with the increase in temperature. 
As the reaction proceeds a critical region is reached 
in which further small changes in the temperature 
produce relatively large changes in the reaction 
rate, which is accompanied by a corresponding in­
crease in the rate of heat evolution. At this point, 
the temperature and the rate of reaction accelerate 
rapidly and ignition ensues. This behavior may 
be expected since the rate of reaction is an exponen­
tial function of temperature.

A possible explanation for the relatively small 
increase in temperature just prior to the rapid reac­
tion leading to ignition may be that the heat pro­
duced by the pre-ignition reaction goes into raising 
the surface of the metal particles to the activated 
state, and that the rate of formation of activated 
molecules is more rapid than the rate at which the 
activated complexes decompose to the final prod­
ucts. On this basis the net amount of heat evolved 
may be expected to be relatively small. However, 
since the rate of decomposition is accelerated as 
the concentration of activated molecules increases, 
it is reasonable to assume that a time will be at­
tained when the rate cf decomposition of the ac­
tivated molecules to products will be comparable 
to that of the rate of formation of the activated 
state. This results in a relatively rapid evolution 
of heat, and an increase hi surface temperature.

In order to have a self-propagating reaction the 
reaction rate must be rapid enough so that the net 
amount of heat gained due to the decomposition of 
an activated complex and the thermal conductivity 
of the composition is greater than that required to 
activate an adjacent molecule. Therefore, the 
duration of the induction period depends upon the 
time required to attain this condition.

Since there is only a relatively small increase hi 
temperature during the induction period, it is as­
sumed in the following derivation that the pre-igni­
tion reaction occurs &z a constant temperature. 
Consider the general pre-ignition reaction

aA +  bB =  [aA. . . 6B]* — >- products (1) 

The rate of reaction is given by the expression

# = k.aiai = a*AB f (2)
(see Appendix for definition of symbols).

By the appropriate substitutions10 in equation 2,

Fig. 3.— Differential thermal analysis: marks on curve

C\J

Fig. 4.— Differential thermal analysis: marks on curve
appear at 1 min. intervals; temp. °C., indicated at timing 
marks; SN slight NO2 fumes.

equation 3 is obtained
v = K & i a l kT_ Q*AB - h E * / R T

A QlQl
dre
d i"

(3)

Multiplication of the rate of reaction and the 
heat of reaction gives the amount of heat evolved 
per unit time

d n 
di X  LHr dH

dt (4)

Substituting equation 3 in equation 4

K C tlQ l f  g g  e-A**/RT AHr =  ^  (5)

The net rate of heat gain in'the system dQH/d i 
is the difference between the rate of heat pro­
duced, as a result of the pre-ignition reaction, dH/ 
di, and the rate of heat d_ssipation dq/dt.

d&r _  A H  _  dg
di d i  d i  w

Separating the variables in equation 5 and 
grating from time equals zero to the time for 
tion, equation 7 results

Ka%G&
IcT Q*Ai
h Q1Q'\

e -*E*/RTAHtt = H

inte-
igni-

(7)

(1 0 ) S . G la s s to n e , K .  J .  L a id .e r  a n d  H .  E y r in g ,  “ T h e  T h e o r y  o f 
R a te  P ro ce sse s ,”  M c G r a w - H i l l  B o o k  C o , ,  N e w  Y o r k ,  N .  Y . ,  1941 
p . 187,
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where H is the total heat produced by the pre-igni­
tion reaction in the time interval zero to t .

It is assumed, for reasons previously mentioned, 
that ignition occurs, when

Qb = H ' (8)
From equation 6 it may be seen that

Q b  =  H  -  q  (9)
The condition for ignition, then, is

If H  — q  >  H '; ignition will occur (10)
1 f II — q <  H ’; ignition will not occur (11)

The total heat produced by the pre-ignition re­
action must be greater than H ' by the amount of 
heat dissipated

H  =  H' +  q (1 2 )

Transposing and solving for time in equation 7

{H  +  q)h QaQb a e * / R T  

K A H rk T a ia i Q* AB
0 3 )

(14 )

Substituting in equation 13
H ' + g  

A H rd lQ i  k.
(15 )

Let
2  H ’ +  q

a h t a i a i
(16 )

t =  B/k, (17 )

Substituting the expression for the equilibrium 
constant

e~^*/RT (18 )

between the activated and normal states in equation 
13, equation 19 results

(H ' +  q)h 
KAH t a ax a ik T K % q (19)

A '*eq =  e~AF*/RT (20 )

substituting in equation 19
t =  +  q)h Ap*/RT 

K A H rk T a la l
(21 )

AF* =  AH* -  7 AS* (22 )

Substituting in equation 21
(if +  q ) h  ~ a S * / R  e A H * / R T

K A H rk T a ia l
(23 )

Let
A  -  ( H + q ) h  - AS*/R 

K A H rk T a ia i
(24 )

Substituting in equation 24
t =  AeARVRT (25 )

The coefficient A is a function of the activity of 
the reactants and the absolute temperature. If 
the activities of the reactants do not change signifi­
cantly during the pre-ignition reaction, the loga­
rithm of the time to ignition should be a linear 
function of the reciprocal of the absolute tempera­
ture over relatively short temperature ranges. It 
is also apparent from the relationship that the

heat of activation may be calculated from the slope 
of the line.

A plot of log t  vs. T~l shows this linear relationship 
for the sodium nitrate-magnesium system. The 
heat of activation, which is approximately equal to 
the activation energy, was calculated to be 32 kcal. 
per mole. A linear relationship is also observed 
for the lithium nitrate-magnesium system and the 
heat of activation was calculated to be 34 kcal. per 
mole.

Using equation 13, theoretical values for the 
time to ignition were calculated and compared with 
the observed results (see Table I). The values of 
(.H' +  q) are approximately equal to the heats of 
activation, 32 kcal. per mole and 34 kcal. per mole 
for the sodium nitrate-magnesium and lithium 
nitrate-magnesium systems, respectively. The 
transmission coefficient, K, was taken to be unity. 
Since the oxidant is in the molten state, the activ­
ity of the magnesium surface was taken as the 
number of moles of oxidant on the surface of a par­
ticle per mole of magnesium (bulk), and were cal­
culated to be 3.94 X 1CU7 and 5.91 X 10~7 for the 
sodium nitrate-magnesium and lithium nitrate- 
magnesium systems. The activity of the sodium 
nitrate, which is in excess, is assumed to be unity. 
The calculations of the heats of reaction, AHr, at 
25° were based upon the reaction between metal 
and oxidants to form magnesium oxide and sodium 
or lithium nitrite. The values are 125 kcal. per 
mole magnesium or oxidant and 117 kcal. per mole 
magnesium or oxidant for the reactions between 
sodium nitrate and magnesium and lithium nitrate 
and magnesium, respectively. Since the difference 
between the activated and normal states of a mole­
cule is the conversion of a vibrational degree of 
freedom to a translational degree of freedom, the 
partition function term (Q/Q*) was calculated to be 
approximately unity. The values for Planck’s 
and Boltzman’s constants are 6.62 X 10-27 erg sec. 
and 1.38 X 10~16 erg per °Iv. The calculated results 
are in good agreement with the observed data con­
sidering the magnitude of the numbers and as­
sumptions involved.

T a b l e  I

C o m p a r i s o n  b e t w e e n  C a l c u l a t e d  a n d  O b s e r v e d  T i m e s  

t o  I g n i t i o n

Time, sec.
System

Temp.,
° C . Calcd.

Obsd.
(Range)

N aN 03-M g 570 8 15-36
580 6 11 -14
600 4 7 -9
630 2 4

L iN 03-M g 480 282 4 5 -9 5
520 83 32 -41
590 13 3 -5

The logarithms of the times to ignition for mix­
tures varying in composition from 20 to 50% mag­
nesium having specific surfaces from 176 to 650 
cm.2/g . were also found to be linear functions of 
T -1. The ignition times were effected to a rela­
tively small extent, considering the type of meas­
urement, increasing by 10 to 30%, with increases 
in magnesiun concentration and specific surface. 
The slopes remained essentially unchanged.
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Appendix
A ' =  constant
A =  constant
Ct =  activity
AE* =  energy of activation
AH* =  heat of activation
h =  Planck’s constant
H =  total heat produced by pre-ignition reaction 
H' =  min. amount of heat required to raise the temp, 

of system to the point of ignition

ka =  specific rate
k =  Boltzmann’s constant
K  =  transmission coefficient
l =  length of coordinate of decomposition 

m* =  mass of activated complex
Q =  partition function
R =  gas constant
AS* =  entropy of activation
T =  absolute temp.
t =  time
AH r =  heat of reaction per mole magnesium
dH/dt =  rate of heat produced by pre-ignition reaction 
dQv/dt =  net rate of heat gain in system 
dii/di = no. of moles of activated complex traveling over 

the potential energy barrier per unit length of 
the decomposition coordinate per unit time 

dq/dt =  rate of heat dissipation
* =  designates activated state

THE EFFECT OF SOME CORROSION INHIBITORS AND ACTIVATORS ON 
THE HYDROGEN OVERPOTENTIAL AT Fe CATHODES IN NaOH

SOLUTIONS
By I. A. Ammar and S. A. Awad

Chemistry Department, Faculty of Science, Cairo University, Cairo, Egypt 
R eceived  O ctober 10, 195 6

Hydrogen overpotential, 7 , at Fe cathodes is measured in pure NaOH solutions at 25°. Measurements are also carried out 
in 0.2 N  NaOH solutions to which the following organic substances have been added: ethy..amine, ra-butylamine, dimethyl- 
amine, tri-n-propylamine, benzylamine, pyridine, quinoline, picric acid, p-benzoquinore and m-dinitrobenzene. The 
numerical increase of 7  upon addition of the organic substance is explained on the basis of a decrease in the available surface 
area for hydrogen discharge. On the other hand, the numerical decrease of 7  is probably caused by the depolarization of 
the hydrogen evolution reaction. An alternative explanation of the results is based on the assumption that either an attrac­
tion or a repulsion, between the adsorbed atomic hydrogen and the organic molecules, take place.

Introduction
The inhibition, by organic compounds, of the 

corrosion of iron in acid solutions was studied by 
Mann, Lauer and Hultin.1 They observed that 
with mono-aliphatic amines, the efficiency of 
corrosion inhibition increased with the length of the 
aliphatic chain. Furthermore, the efficiency in­
creased as the number of radicals attached to the 
nitrogen increased to three. With aromatic amines 
the efficiency was dependent on the nature and the 
size of the inhibitor.

Various theories were put forward to explain the 
action of organic inhibitors. Thus Chappell, 
Roetheli and McCarthy2 concluded that the in­
hibition of corrosion was caused by a resistive film 
on the surface of iron. Bockris and Conway3 
measured the hydrogen overpotential, p, at an iron 
cathode, in the presence and absence of corrosion 
inhibitors and activators, in acid solutions. They 
observed a rise in p toward more negative values 
in the presence of inhibitors. In the presence of 
activators p was numerically decreased. Further­
more, they observed Fiat the direct and the in­
direct methods of measuring overpotential gave the 
same results. From this they concluded that the 
inhibition and activation of corrosion were directly 
related to the hydrogen activation overpotential

(1 ) C .  A .  M a n n , B .  E .  L a u e r  a n d  C .  T .  H u l t in ,  I n d .  E n g . C h em ., 28, 
159 (1936).

(2 ) E .  L .  C h a p p e ll ,  B .  E .  R o e th e l i  a n d  B .  Y .  M c C a r t h y ,  I n d .  E n g . 
C h em ., 20, 582 (1928).

(3 ) J .  O ’ M .  B o c k r is  a n d  B .  C o n w a y ,  T h is  J o u r n a l , 53, 527 (1949).

rather than to the formation of a surface film. Hack- 
erman and Makrides4 5 3xplained the effect of in­
hibitors on the basis of general adsorption, i.e., 
weak physical adsorption, electrostatic attraction 
between the inhibitor ion and the metal and chemi­
sorption resulting in the formation of a dative bond 
between the inhibitor and the metal.

The aim of the present investigation is to study 
the effect of corrosion inhibitors and activators 
on the hydrogen overpotential at iron cathodes in 
NaOH solutions.

Experimental
Hydrogen overpotential was measured in an electrolytic 

cell similar to that described by Bockris. 6 The cell con­
sisted of four compartments: the anode compartment, the 
cathode compartment, the hydrogen electrode compartment 
and the inhibitor (or activator) compartment. A sintered 
glass disc was inserted between the first two compartments 
to minimize the diffusion of gaseous anodic products toward 
the cathode. Diffusion of atmospheric oxygen into the cell 
was hindered by the use o: water-sealed taps and ground 
glass joints for the construction of the cell. Electrical con­
tact between the cathode a id the reference hydrogen elec­
trode was made through a luggin capillary (internal diame­
ter 1 mm.). Hydrogen, previously purified by passing it 
over hot copper (450°) and then over soda lime, was intro­
duced into the cell and was divided between the four com­
partments.

The iron electrode, in the form of a pure iron stripe 
sealed to glass, was introduced into the cathode compart.

(4 ) N .  H a c k e rm a n  a n d  A .  C .  M a k r id e s ,  I n d .  E n g . C h em ., 46, 523 
(1954).

(5 ) J .  O ’M .  B o c k r is ,  C hem . R ev s ., 43, 525 (1948).
( 6 ) A  “ H i lg e r ”  p u re  ir o n  s t r ip ,  p re p a re d  b y  H i lg e r  a n d  C o .,  L o n d o n , 

E n g la n d .
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ment through a ground glass tube sealed to the top of this 
compartment. Two electrodes were used: one as a pre­
electrolysis electrode and the other as a test electrode. The 
test electrode was adjusted to touch the tip of the Luggin 
capillary.

The cell was cleaned with a mixture of pure chromic and 
sulfuric acids. This was followed by washing with distilled 
water and then with conductance water. The electrodes, 
previously washed with conductance water, were then fixed 
in their positions in the cell. The cell was filled completely 
with conductance water and this water was completely dis­
placed by pure hydrogen before the NaOH solution and the 
inhibitor (or the activator) were introduced.

NaOH solutions were pre-electrolyzeds for 12 hours at 
10 - 2  a.cm .-2, on the pre-electrolysis iron electrode. After 
pre-electrolysis, the test iron electrode was lowered into the 
solution and the Tafel line was traced between 10- 2  and 
10- 6  a.cm .-2. The electrode was then drawn out of the 
solution and the polarizing potential was adjusted such that 
a current of 2 ma. (2.5 X 10- 3  a.cm.-2) would flow through 
the electrode-solution interface when the electrode was 
again introduced into the solution. The electrode potential 
was then traced as a function of time till a constant value of 
t) was attained. The previously de-oxygenated corrosion 
inhibitor or activator was then added to the solution in the 
cathode compartment to prepare a solution of known 
strength. The cathode potential was again traced as a 
function of time till a constant value was again attained. 
All measurements were carried out at 25° using the direct 
method. The potential was measured with a valve pH me- 
ter-millivoltmeter and the current with a multirange micro 
milli-ammeter. The current densities were calculated using 
the apparent surface areas.

The following amines were used: ethylamine, dimethyl- 
amine, n-butylamine, tri-ra-propylamine, benzylamine, py­
ridine and quinoline. Pyridine and quinoline were used as 
liquids. The other amines were used as hydrochlorides. 
The hydrochlorides were twice crystallized before the solu­
tion was prepared. The effect of the addition of picric acid, 
p-benzoquinone and m-dinitrobenzene on 77 also was studied. 
The first two were dissolved in water and the third was dis­
solved in ethyl alcohol.

Results
Figure 1 shows three typical Tafel lines for 

hydrogen overpotential at iron cathodes in pure 
0.2, 0.5 and 1.0 N aq. NaOH solutions at 25°. 
Each of these three Tafel lines is the mean of six 
individual lines. It is clear from this figure that at 
the low current density range, dissolution of iron 
causes the Tafel lines to become parallel to the 
log c.d. axis at potentials negative with respect to 
the potential of the reversible hydrogen electrode. 
The Tafel line slope varies between 0.120 and 0.130 
v.

Log c.d.
Fig. 1.— I, 0.2 N  NaOH, b =  0.125 v .; II, 0.5 N  NaOH, 

b =  0.120 v .; I l l ,  1.0 N  NaOH, b =  0.130 v.

Figure 2 shows the effect of the addition of ethyl- 
amine and n-butylamine on the steady-state value 
of 7? at 2.5 X  10-3 a.cm.-2, in 0.2 N NaOH solution. 
Thus, the numerical increase of 77 in the case of

0.1 M  ethylamine is 40 mv., whereas for 0.1 M n- 
butylamine it is 120 mv. The time at which the 
amine is added is marked by a cross. The time is 
reckoned from the start of polarization.

Time (minutes).
Fig. 2.— I, 0.1 M  ethylamine; II, 0.1 M  ra-butylamine.

Figure 3 shows the effect of dimethyl- and tri-n- 
propylamine on 77. Thus, 0.1 M  dimethylamine 
causes a numerical decrease of about 7 mv. in the 
steady-state value of 77, while 0.01 M  tri-n-propyl- 
amine decreases 77 by 40 mv.

Time (minutes).
Fig. 3.— I, 0.1 M  dimethylamine; II, 0.01 M  tri-n-propyl- 

amine.

The effect of aromatic amines is shown in Fig. 4. 
Benzylamine (0.1 M) increases 77 numerically by 
about 18 mv., whereas 0.1 M  pyridine causes an 
increase of 30 mv. A saturated solution of quino­
line increases 77 by 70 mv.

Fig. 4.— I, 0.1 M  benzylamine; II, 0.1 M  pyridine; III, 
satd. quinoline.

Figure 5 shows the effect on 77 of the corrosion 
activators: p-benzoquinone, picric acid and m-
dinitrobenzene. For 0.01 M  p-benzoquinone 77 
numerically decreases by 20 mv. For the same 
concentration of m-dinitrobenzene and picric acid
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the decrease in 77 is 100 and 200 mv., respectively. 
The dotted line in Fig. 5 indicates that 77 becomes 
positive between 30 and 38 minutes.

Time (minutes).
Fig. 5.— I, 0.01 M  pierie acid; II, 0.01 M  p-benzoquinone; 

I I ,  0.01 M  TO-dinitrobenzene.

The effect of the concentration, C, of corrosion 
inhibitors or activators on 77 is given in Table I. 
Thus, for amines, 77 numerically increases with in­
crease of concentration. For corrosion activators 
such as picric acid 77 numerically decreases with 
increase of concentration.

T a b l e  I

S u b s ta n ce C o n c n .,  m oles/1. V (m v . )

Ethylamine 1 0 -1 417
10~2 382
10-* 350

Dimethylamine 1 0 -1 375
2 X  10"2 355

10-* 313
w-Butylamine 10“ 1 500

10~2 398
10"* 293

Picric acid 10~2 180
10-* 325

Discussion7
The mechanism of the cathodic hydrogen evolu­

tion at iron electrodes in pure NaOH solutions is 
probably governed by a rate-determining slow dis­
charge step. This conclusion is based upon the 
value of the Tafel line slope (c/. Fig. 1). The facts 
that the Tafel line slcpe lies between 0.120 and 
0.130 v. and that only one slope is observed in the 
linear logarithmic section of the line indicates a 
rate-determining slow discharge process.8 In alka­
line solutions, it is probable that the discharge takes 
place from water molecules.9 It has been sug­
gested by Bockris and Conway3 that the inhibition 
and activation of corrosion are caused by changes 
in the activation overpotential. The reason for the 
fact that some substances numerically increase 77 
while some others decrease 77 is not clear.

The numerical increase of 77 upon addition of some 
organic substances may be attributed to a decrease 
in the available surface area for hydrogen discharge, 
thus increasing the current density. The fact that

(7 ) T h e  E u ro p e a n  c o n v e n t io n  o f  s ig n  o f  p o te n t ia l is  u sed .
(8 )  J .  O ’M .  B o c k r is  a n d  E .  C .  P o t t e r ,  J .  E lec tro ch em . S o c .,  99, 169 

(1 95 2).
(9 ) J .  O ’ M .  B o c k r is  a n d  E .  C .  P o t t e r ,  J . C h em . P h y s . ,  20, 614 

(1952).

77 is numerically greater in the case of 0.1 M n- 
butylamine than in the case of 0.1 M  ethylamine (cf. 
Fig. 2) may be ascribed to a stronger adsorption 
in the former than in the latter case. Similar ob­
servations have been reported by Swearingen and 
Schram.10 The increase in the efficiency of corro­
sion inhibition in the case of ra-propylamine than in 
the case of ethylamine has been attributed by the 
above authors to a stronger adsorption in the case of 
w-propylamine than in t ie case of ethylamine. The 
results obtained for tenzylamine, pyridine and 
quinoline (Fig. 4) may also be explained on the 
basis of a decrease in the available surface area for 
hydrogen discharge.

It has been pointed out by Hackerman and 
Sudbury11 that amines are incapable of undergoing 
cathodic reduction under conditions existing in 
corrosion. For this reason it is difficult to explain 
the decrease of 77 in the case of dimethylamine and 
tri-n-propylamine on the assumption that such 
amines depolarize the hydrogen evolution reaction. 
On the other hand the results of Fig. 5 may be at­
tributed to the depolarization of the hydrogen 
evolution reaction by reducible substances such as 
picric acid, p-benzoquinone and m-dinitrobenzene.

The fact that in some cases (cf. Fig. 3, 4 and 5) 
the decrease of 77 after the addition of the organic 
substance is followed by an increase of 77 cannot be 
explained on the basis given above. In the follow­
ing discussion an alternative explanation of the 
results obtained in the present investigation is 
given.

At the steady state, before the organic sub­
stance is added, the cathode surface is covered to a 
certain extent with adsorbed atomic hydrogen. 
Upon addition of the organic substance, part of 
this substance is transferred to the electrode sur­
face by diffusion. Assuming for simplicity that the 
adsorbed hydrogen is then surrounded by organic 
molecules, also adsorbed on the surface, one of the 
following two processes may take place: (1) a
repulsion between the adsorbed atomic hydrogen 
and the organic molecules, or (ii) an attraction, or 
even a chemical reaction, between the above two 
entities. If the heat evolved for the adsorption 
of one atom of hydrogen on a bare metal surface is 
designated by e, the heat of adsorption e', also for 
one atom of hydrogen, on a surface partly covered 
with the organic substance is given by 12

«' =  6 ±  S0E ( l )
where S is the number cf adsorption sites, occupied 
by the organic molecules, in the near neighbor­
hood of the site occupied by adsorbed atomic hy­
drogen, 6 is the surface coverage and E  is the inter­
action energy per molecule of the organic substance. 
The plus and minus sigr s refer to attraction and re­
pulsion interactions, respectively. For the ad­
sorption of one gram atom of hydrogen, equation 1 
becomes

A  =  e'N  =  tN  ±  S0NE (2)
where N  is Avogadro’s number.

(1 0 ) L .  E .  S w e a r in g e n  a n d  A .  S c h ra m , T h i s  J o u r n a l ,  55, 180 
(1 95 1).

(1 1 ) N .  H a c k e rm a n  a n d  J. D . S u d b u ry ,  J .  E lec tro ch em . S o c .,  97, 109 
(1 9 5 0 ).

(1 2 ) S . G la s s to n e , K .  L a id le r  a n d  H .  E y r in g ,  “ T h e  T h e o r y  o f  R a te  
P ro ce s s e s ,”  M c G r a w - H i l l  B o o k  C o . ,  N e w  Y o r k ,  N .  Y . ,  1941, p . 364.
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The relation between 17 and the heat of adsorp­
tion, A, has been given as13

(dy/dA) =  (1/aF) (3)
where a is the transfer coefficient. From (2) and
(5) one gets

eN  ±  S e N E  . n  . . .
V =  --------- ™--------- h C (4)

where C is an integration constant, e and S may 
be taken as constants for a constant surface struc­
ture, and F i s a  constant for each organic substance. 
Differentiating 7/ with respect to d one gets

(dy/de) = SNE
aF (5)

The increase of 6 with time (after the addition of 
the organic substance) is directly proportional to 
the rate, V, of the diffusion of this substance to the 
electrode surface, thus

(de/dt) =  C'V  (6)
where C' is a proportionality constant. From (5) 
and (6) one gets

(dij/di) =  ± ^ f c ’ V  (7)

Equation 7 indicates that for an attraction, or a 
chemical reaction, between the adsorbed hydrogen 
and the organic substance, i.e., when E is positive 77 
increases with time. In other words 77 numerically 
decreases with time. On the other hand a repul­
sion interaction results in a numerical increase of 77

(1 3 ) P .  R u e ts c h i a n d  P .  D e la h a y ,  J . C hem . P h y s . ,  23, 195 (1955).

with time. The fact that (d^/di) is not always 
linear (cf. Figs. 2, 3, 4 and 5) after the addition of 
the organic substance may be attributed to the 
change of V with time. As the rate of diffusion de­
creases with time, (dy/df) numerically, decreases 
until 77 is almost constant at a comparatively large 
time of polarization.

On the basis of the above discussion, the results 
obtained for ethylamine, w-butylamine (Fig. 2), 
pyridine and quinoline (Fig. 4) indicate a repul­
sion between the adsorbed hydrogen and the or­
ganic molecules. On the other hand, the results 
for tri-n-propylamine (Fig. 3) and p-benzoquinone 
(Fig. 5) indicate an attraction between the organic 
substance and the adsorbed hydrogen. Although 
the assumption of attraction and repulsion may 
explain some of the results obtained in this in­
vestigation, yet it fails to account for the fact that 
in some cases (cf. Figs. 3, 4 and 5) the numerical 
decrease of 77 observed after the addition of the 
organic substance is followed by a numerical in­
crease of 77 at a comparatively large time of polariza­
tion. Similar observations have been reported by 
Bockris and Conway3 for nitrobenzene.

The time effect may be that caused solely by 
the displacement of hydrogen atoms (or some other 
sorbed material) by the inhibitor. With activators 
the displacement could occur either simultaneously 
or prior to the depolarization, but the final step in 
each case is adsorption of the organic substance.

The authors wish to express their thanks to Prof. 
A. R. Tourky for helpful discussion.

A KINETIC STUDY OF METHYL CHLORIDE COMBUSTION
B y  Hubert T . H enderson and George R ichard H ill

Department of Fuel Technology, University of Utah, Salt Lake City, Utah 
Received October SI, 1955

A study of the burning of methyl chloride has been carried out by the tube method of Gerstein, Levine and Wong.1 Burn­
ing velocity data have been taken in air and in oxygen. The burning velocity and limit data for methyl chloride are com­
pared with methane and methyl alcohol and with some other chlorinated hydrocarbons. In addition, the influence of 
tube diameter for the Gerstein, et a l, tube method has been studied and found to be much the same as for the Coward- 
Hartwell2 method. A new generalized procedure for calculating flame front areas has been used.

Introduction
The work presented here is a part of an over-all 

program to determine the effect of substituent 
groups in the fuel molecule on the rate of burning. 
For this work the simplest member of the paraffin 
series, methane, has been chosen as a reference. 
The effect of the substitution of an OH group for 
an H atom in methane has been studied and pre­
viously reported.3'4 The work reported here 
concerns itself with the effects of substituting a 
Cl for an PI atom in methane. It is believed that

(1 ) M .  G e rs te in , O .  L e v in e  a n d  E .  L .  W o n g ,  J . A m . C hem . S oc ., 73, 
418 (1951).

(2 ) H .  F .  C o w a r d  a n d  F .  J .  H a r t w e l l ,  J . C hem . S o c ., P t .  2, 2676 
(1932).

(3 ) W .  H .  W is e r  a n d  G .  R .  H i l l ,  “ T h e  K in e t ic s  o f C o m b u s t io n  o f 
M e t h y l  A lc o h o l , ”  T e c h .  R p t .  N o .  4, A i r  F o rc e  C o m b u s t io n  C o n t r a c t  
N o .  A F  33 (038) (20839), U n iv e r s i t y  o f U ta h ,  1952.

(4 ) W .  H .  W is e r  a n d  G .  R .  H i l l ,  “ A  K in e t ic  C o m p a r is o n  o f th e  
C o m b u s t io n  o f M e t h y l  A lc o h o l a n d  M e th a n e ,”  F i f t h  S y m p o s iu m  on  
C o m b u s t io n ,  W il l ia m s  a n d  W ilk in s ,  B a lt im o re ,  M d . ,  1955.

such studies as these will assist in gaining a belter 
understanding of the mechanism of hydroemhon 
burning.

Experimental Apparatus and Procedure
The apparatus used for determining burning velocities 

has been patterned after Gerstein, et al.1 Pyrex combustion 
tubes, open at both ends, were used in a horizontal position. 
Mixtures were ignited in all cases by a methyl chloride- 
oxygen flame seated on a porous glass plug burner tip. 
Burning mixtures were prepared by a partial pressure method 
and thoroughly mixed prior to introduction into the combus­
tion tube. The combustion tubes were fitted with the ap­
propriate orifices to give stable, constant burning rates. 
Observed flame velocities were measured by means' of bal­
anced photomultiplier tubes placed behind collimating slits 
spaced 15.22 cm. apart near the end opposite the point of 
ignition. The time between impulses from these tubes as 
the flame front passed gave the flame velocity, Uo-

The flame fronts were photographed by means of an elec­
tronically actuated Speedgraphic camera at a shutter speed 
of */400 second. Flame areas, At, were calculated by a 
method which will be discussed.
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The translation velocity of the gas, Ue, in which the flame 
front propagates was measured by the soap bubble tech­
nique described by Gerstein.1

If the burning rate is assumed constant over the entire 
flame front, then the burning velocity may be expressed as

u,  = (Co -  17.) £  (1)

where A t is the tube cross sectional area. Since the burning 
rate decreased to zero near the tube wall, this expression 
actually gives an average burning rate, slightly lower than 
exists over most of the flame front.

All data were obtained at room temperature, 25°, and 
atmospheric pressure, 650 mm.

To check the influence of tube diameter three standard 
Pyrex tube sizes were used. The dimensions of these are 
given in Table I.

T a b l e  I
C o m b u s t i o n  T u b e  D i m e n s i o n s

Pyrex tube size, cm. Inside diameter, cm.

3.2
2.8
2.5

2.8
2.4
2.14

Distance
between orifices, cm.

64
64
64

Results and Discussion
The burning velocity-composition curves for 

methyl chloride, methanol, and methane in air are 
shown in Fig. 1, and the corresponding calculated 
equilibrium flame temperatures are shown in Fig. 2. 
It is interesting that while the flame temperatures 
for methyl chloride are slightly higher than for 
methane, the burning velocities are much lower. 
In fact, for methyl alcohol, methane and methyl 
chloride the relative maximum burning velocities 
are 4.14, 3.31, 1, respectively. The very low burn­
ing velocities of methyl chloride indicate self-inhibi­
tion by Cl atoms or chlorine compounds, e.g., HC1.

If the slow rate of burning is due to inhibition by 
chlorine, then one might expect the slowing effect 
to be greatest where the population of Cl atoms in 
the fuel molecule is highest. The burning veloci­
ties of the straight chain paraffin hydrocarbons 
differ but little. The burning velocity of methyl 
chloride is compared with similar values from the 
literature for some chlorinated hydrocarbons in 
Table II. The values of the ordinary paraffin 
hydrocarbons also are shown.

If the simplified assumptions are made that (1) 
the concentration of free radical chain carriers is 
proportional to the carbon and hydrogen atom 
population in the fuel molecule, and that (2) the 
chain inhibition is proportional to the population 
of chlorine atoms in the fuel molecule, then the 
burning velocity may be assumed to be roughly 
inversely proportional to the chlorine atom popu­
lation in the fuel molecule. If it is assumed fur­
ther that methane, propane and butane burn by 
similar mechanisms, each inhibited in the corre­
sponding chlorinated fuels, then the ratio of the 
burning velocities of the chlorinated hydrocarbons 
should be approximately the same as the ratio of the 
reciprocals of the Cl/total atoms in the fuel mole­
cule.

K  =  C /N ci
where
K  =  rate constant
C =  proportionality constant, dependent on the uninhibited 

mechanism and transport properties 
N  =  mole fraction of chlorine in the fuel molecule

Fig. 1.— Burning rate versus composition for fuel-air 
systems: S, stoichiometric; methane data =  bunsen
burner37; methyl alcohol data =  horizontal tube 2.74 
cm. i.d.; methyl chloride data =  horizontal tube 2.8 cm. 
i.d.

Fig. 2.—Equilibrium flame temperatures for fuel-air 
systems.

T a b l e  II
B u r n i n g  V e l o c i t i e s  o f  S t o i c h i o m e t r i c  M i x t u r e s  o f  

S o m e  P a r a f f i n  a n d  C h l o r i n a t e d  H y d r o c a r b o n s

Compound Exptl. method Uf, cm ./sec.

CHsCl Horizontal tube 10.9“
CH3CH,CH,C1 Bunsen burner 27. ö6
CH3CHC1CH3 Bunsen burner 27 .46
CH3CH2CH2CH2C1 Bunsen burner 31 .66
c h 4 Bunsen burner 38 .96
c h 4 Bunsen burner 36.3 '
CH3CH2CH3 Bunsen burner 44 .06
CH3(CH2)2CH3 Bunsen burner 44 .8b

"This research. h From Calcote and Gibbs.5 "From 
Wiser and Hill.3

The ratio of burning velocities for stoichiometric 
mixtures in air of methyl, propyl and butyl chloride 
is 1.0, 2.35, 2.7. The corresponding ratio of K  
values from equation 2 is 1.0, 2.2, 2.8. The corre­
spondence between actual burning velocities and the 
relative predictions from such an over-simplified 
theory is rather remarkable. A burning velocity 
for ethyl chloride could not be found in the litera­
ture, but from the foregoing analysis would be

(5) H. F. Calcote and G. Gibbs; J. B. Fenn and H. F. Calcote,
Fourth Symposium on Combustion, Williams and Wilkins, Baltimore,
M d„ 1953, p. 231,



876 Hubert T. Henderson and George R ichard H ill Vol. 60

predicted to be about 19 cm./sec. for a stoichio­
metric fuel-air mixture.

Similar evidence for chlorine inhibition exists 
in the comparison of the flammability limit data of 
methyl chloride with other chlorinated hydrocar­
bons and their respective hydrocarbons. Some 
of these lower limit data are shown in Table III.

T a b l e  I I I

L o w e r  L i m i t s  a n d  C o r r e s p o n d i n g  C a l o r i f i c  V a l u e s  o f  

F u e l - A i r  M i x t u r e s

F u e
L o w e r  l im it  

%  fu e l

H e a t  o f 
c o m b u s tio n  

o f  gaseous fu e l, 
k c a l./ g .  m o le 6

R e la t iv e  
c a lo r if ic  

v a lu e ,_
lo w e r  l im i t  

m ix t . ,
k c a l./ g .  m o le

c h 4 5.647 210.8 11.9
c h 3c i 9.7° 164.2 15.9
c h 3c h 3 3 .28 368.4 11.7
c h 3c h 2ci 4.25s 316.7 13.4
c h 3c h 2c h 3 2.4s 526.3 12.6
c h 3c h 2c h 2c i 2 .69 478.3 12.4

Data of this research.

The more fuel-rich lower limit for methyl chlo­
ride than for methane again harmonizes with the 
chlorine inhibition theory, but it will be noticed 
from Figs. 1 and 2 that methyl chloride has a more 
fuel-rich upper limit than methane, which might 
seem inconsistent with the chlorine inhibition argu­
ment. Upper limits are usually governed by the 
composition at which a critical concentration of 
oxygen is reached. In this connection it will be 
noted that only 3/2 0 2 are required to burn com­
pletely a CH3CI molecule. Thus, one would expect 
the upper limit, neglecting inhibition effects, 
to be richer in fuel for methyl chloride than for 
methane. The upper limit for methane-air mix­
tures is at 95.8% of stoichiometric oxygen, while 
methyl chloride burning appears to be inhibited 
also at upper limit mixtures. It should also be 
noted that the flame temperature at the upper 
limit is higher for methyl chloride-air than for 
methane-air flames (Fig. 2).

It is well known that the lower limit mixtures of 
many fuel-air systems are characterized by nearly 
identical calorific values.10-12 This is especially 
true of the lower members of the paraffin series. 
The unit mixture calorific value is proportional to 
both the heat of combustion and the per cent, of 
fuel at the lower limit. The effect of chlorine 
inhibition is to increase the lower limit values, but 
would be expected to have decreasing effect with de­
creasing population of chlorine atoms in the fuel 
molecule. Qualitative agreement with chlorine 
inhibition theory is seen in the convergence of the 
calorific values of lower limit mixtures of chlorin­
ated paraffins toward that for methane as chlorine

( 6 )  C .  D .  H o d g m a n  ( E d i t o r ) ,  “ H a n d b o o k  o f  C h e m is t r y  a n d  
P h y s ic s , ”  3 3 rd  E d , ,  C h e m ic a l R u b b e r  P u b lis h in g  C o . ,  C le v e la n d ,  O h io ,  
1951, p . 1579.

(7 ) F .  L e p r in c e -R in g u e t ,  Compt. rend., 158, 1793 (1914).
(8 ) G .  W .  Jo n e s , Ind. Eng. Chem., 20, 367 (1928).
(9 ) G .  W .  Jo n e s , H .  F .  C o w a rd  a n d  G .  W .  Jo n e s , “ L im it s  o f  F la m ­

m a b i l i t y  o f  G ases a n d  V a p o rs ,”  B u lle t in  503, B u r .  M in e s , 1938.
(1 0) H .  L e C h a t e l ie r  a n d  O .  B o u d o u a rd ,  Compt. rend., 126, 1510 

(1 89 8).
(11) H .  L e C h a te l ie r ,  B u l l .  soc. chim., 19, 483 (1898).
(12) M .  J .  B u rg e s s  a n d  R .  V .  W h e e le r ,  J . C hem . Soc., 105, 2591 

(1914).

atom population in the fuel molecule decreases 
(Table III).

The experimental evidence for both flame veloci­
ties and lower limits suggests that the burning 
mechanism for the CH3 group in methyl chloride 
is similar to that for methane, but that it is in­
hibited by chlorine. Further evidence for this 
conclusion lies in the intermediate and final prod­
ucts identified in these flames. Simmons and 
Wolf hard make a similar suggestion for inhibi­
tion by bromine atoms in methyl bromide inhibited 
flames.13

Both methyl chloride and methane burn with 
characteristic green flames associated with the 
green C2 Swan Bands,14’15 and in general show the 
same spectroscopically identified species, except 
for those involving chlorine.14-17 In addition, both 
of these flames produce soot in fuel-rich mixtures.18 
Significantly, methyl alcohol flames never produce 
soot nor show C2 bands. Also, the strong CO bands 
in methyl alcohol19 combustion have not been re­
ported for methane and methyl chloride. The 
foregoing evidence indicates a different burning 
mechanism for methyl alcohol and reflects the in­
fluence of the strong attachment of the oxygen to 
the carbon atom.

Three mechanisms of chlorine inhibition have 
been considered: (1) chain breaking, (2) deactiva­
tion in a mechanism involving some sort of excited 
radicals, and (3) kinetic “ short circuiting.”  It is 
somewhat difficult to realize how chlorine chain 
breaking could account for such a remarkable reduc­
tion in burning rate as exists between methane and 
methyl chloride since nearly every reaction produc­
ing Cl atoms also produces other free radicals. 
It is possible that electronically excited radicals 
have an important role in the chain combustion 
mechanism, in which case chlorine atoms might on 
collision “ deactivate” them. This is not a likely 
possibility due to the low population of these elec­
tronically excited states at these temperatures.

Kinetic “ short circuiting” may be illustrated by 
the reaction

CH3 +  HC1 — f  CH4 +  Cl, .Fact =  5 kcal. (a) 

An alternative short circuiting mechanism might be 
Cl +  CO — >  CO +  Cl, Em  =  small19 (b) 

CO Cl +  Cl — s- CO +  Cls, E m  =  1.9 kcal.19 (c) 
CH3 +  Cl2----->- CHjCl +  Cl, Em  <5  kcal.19 (d)

These are examples of very low energy paths 
which may be responsible for re-forming reactant 
molecules by means of Cl atoms and product 
molecules, thereby greatly slowing the rate of burn­
ing.

(13) R .  F .  S im m o n s  a n d  H .  G .  W o lfh a rd ,  Trans. Faraday Soc., 51, 
1211 (1955).

(1 4 ) A .  G .  G a y d o n  a n d  H .  G. W o lfh a rd ,  “ T h i r d  S y m p o s iu m  on  
C o m b u s t io n ,  F la m e  a n d  E x p lo s io n  P h e n o m e n a ,”  W il l ia m s  a n d  W i l ­
k in s , B a lt im o re ,  M d . ,  1949, p . 504.

(15) V .  M .  V a id y a ,  Proc. Roy. Soc., (London), A178, 356 (1941).
(16) A .  G .  G a y d o n  a n d  H .  G .  W o lfh a rd ,  “ F o u r t h  S y m p o s iu m  on  

C o m b u s t io n ,”  W i l l ia m s  a n d  W ilk in s ,  B a lt im o re ,  M d . ,  1953, p . 211.
(1 7 ) G .  P a n n e t ie r  a n d  A .  G .  G a y d o n ,  Compt. rend., 225, 1139 

(1 94 7).
(1 8 ) A .  G .  G a y d o n  a n d  H .  G .  W o lfh a rd ,  “ F la m e s , T h e i r  S tru c tu re ,  

R a d ia t io n  a n d  T e m p e ra tu re ,”  C h a p m a n  a n d  H a l l ,  L o n d o n , 1953.
(1 9) E .  W .  R .  S te a c ie , “ A t o m ic  a n d  F re e  R a d ic a l R e a c t io n s ,”  

R e in h o ld  P u b l.  C o r p . ,  N e w  Y o r k ,  N .  Y . ,  1946.
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Calculations by the authors have shown dis­
sociation of methyl chloride according to the reac­
tion

CH3C1 — ^ CH3 +  Ci (3)
to be essentially complete at 1400°. Reference to 
Fig. 2 shows that Cl atoms could be produced easily 
by dissociation; or, reactions of the type (a) may 
be most important.

Evaluation of the Experimental Method
For the purpose of evaluating the influence of 

tube diameter on burning velocity three different 
tube diameters were used. A similar study had 
been made by Coward and Hartwell2 for their tube 
method, but tube diameter effects for the Gerstein, 
Levine and Wong tuoe method have not been 
reported.20 Tube diameters for the present study 
were chosen in the critical region indicated by the 
investigations of Coward and Hartwell.2

The results for the tube method of Gerstein, 
et al., are shown in Figs. 3 and 4 for observed flame 
and burning velocities Analysis of these curves 
shows the burning velocities determined by the 
two larger tubes to be within experimental error 
up to nearly 16% methyl chloride, while values 
for the 2.14 cm. i.d. tube are low in all cases.

Photographs of flames in the larger tubes for 
mixtures above 20%  methyl chloride showed mul­
tiple and very distorted flame fronts. This ac­
counts in part for the spread in observed flame ve­
locities at higher fuel percentages, although analysis 
of the data indicates some surface effects even at 
higher velocities. The evaluations of flame areas 
were made on the basis of a simple geometrical 
solid, obviously giving values of flame area that 
were too low (perhaps by factor of 2) where ir­
regular and multiple burning surfaces appeared. 
The use of low values of flame area, At, in equation 
1 results in even more exaggerated burning rates. 
Thus, the amount of upward curvature in the 
right-hand portion of the curves of Fig. 4 is an 
indication of the relative amount of flame front dis­
tortion due to turbulence.

The data presented indicate the importance in 
selecting tube diameters for the velocity range to 
be measured. For high velocity measurements 
the tube diameter probably should not be above 
about 2.4 cm. i.d. if turbulent flame fronts are to be 
avoided. For slow burning mixtures (fuel-air) 
the tube diameter probably should be 2.8 cm. i.d. 
or greater to avoid excessive surface effects. 
From the present s t u d y  a tube diameter of 2.4 cm. 
appears to be the best over-all compromise.

The general method of evaluating flame front 
areas introduced by Coward and Hartwell2 has 
been revised in the present work.

In Fig. 5 are shown tracings of typical flame 
fronts fitted to their mirror images. The com­
pleted solid still approximates an ellipsoid but for 
leaning flames the line joining the points where the 
flame touches the top and bottom of the tube is 
not an axis. Using the mid-point of this line, 
however, the three semi-axes may be measured as
(1) the distance from the reference mid-point to the

(20) J. W . Linnett, “ Methods of Measuring Burning Velocities, 
Fourth Symposium on Combustion,” Williams and Wilkins, Balti­
more, M d., 1953, p. 20.

Fig. 3.—Flame velocity as a function of composition and 
tube diameter for CH3CI-O2.

Fig. 4.— Burning velocity of CH3CI-O2 as a function of 
tube diameter.

Reference
Mid poin

Fig. 5.—Tracings of typ cal flame fronts (shaded) form­
ing complete figures with their mirror images. Arrows 
show direction of flame travel.

point most remote from it on the flame front, (2) 
the vertical distance from the axis just measured 
to the bottom edge of the flame from the reference 
mid-point, and (3) the radius of the tube. It is 
seen from Fig. 5 that the ellipsoid so described still 
lies nearly parallel to the tube axis but has its major 
axis slightly rotated in the vertical plane.21

The flame areas calculated from these revised 
measurements are several per cent, smaller than 
those obtained by the conventional Coward-Hart-

(21) H. Guenoche and M . Jcuy, “ Fourth Symposium on Combus­
tion,’ ’ Williams and Wilkins, Brltimore, M d., 1953, p. 403.
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well formula, except where the flames are essen­
tially up-right in the tube. For the slower fuel-air 
flames the flame areas were calculated as much as 
18.5% lower than by the conventional method. 
Maximum burning velocities are increased by as 
much as 9% by this improvement, with increases 
of 4 to 18% over the composition range of ig- 
nitability. Since burning velocities measured 
by the tube method have been generally a little 
lower than the most acceptable burner methods, 
this represents a rather significant improvement.

With the foregoing improvements the maxi­
mum burning velocity determined for methane was 
37.8 cm./sec., which is still low compared to the 
value of 39 cm./sec. obtained by Smith22, and 40 
cm./sec. obtained by Singer and Heimel.23 Ger- 
stein, et al., obtained 33.8 cm./sec. It is believed 
that the calculated flame areas are still as much as 5% 
too large due to the assumption that one axis of the 
ellipsoid is the diameter of the tube. If the quench­
ing distance for each mixture were taken as a cor­
rection to this measurement it is believed that the

(22) F .  A .  S m ith ,  C hem . R evs ., 21 , 389 (1937).
(2 3 ) J .  M .  S in g e r, S . H e im e l,  B .  L e w is  a n d  G .  v o n  E lb e ,  “ C o m b u s ­

t io n ,  F la m e s , a n d  E x p lo s io n  o f G a s e s ,”  A c a d e m ic  P re ss , N e w  Y o r k ,  
N .  Y . ,  1951, p . 467.

results would be in even better agreement with the 
frustrum method of the bunsen burner (Singer and 
Heimel).28

Conclusions
1. The experimental data of this research to­

gether with kinetic and spectroscopic data from 
the literature support the hypothesis that methyl 
chloride burns by a chlorine inhibited paraffin burn­
ing mechanism.

2. An evaluation of the influence of tube diame­
ter by the Gerstein, et al., tube method shows both 
upper and lower limits on tube size imposed by tur­
bulence and pressure effects and by surface effects, 
respectively. The proper tube size for use depends 
on the velocity range to be studied.

3. An improvement is suggested in the method 
of Coward and Hartwell for evaluating flame areas 
which results in significantly higher burning veloci­
ties and better agreement with the improved bun- 
sen burner techniques.

This research was supported by the United 
States Air Force under contract No. AF 33(038) 
20839 monitored by the Office of Scientific Re­
search of the Air Research and Development 
Command.

A SPECTROPHOTOMETRIC INVESTIGATION OF URANYL PHOSPHATE 
COMPLEX FORMATION IN PERCHLORIC ACID SOLUTION

B y  C . F . B a e s , J r .

Oak Ridge National Laboratory, Oak Ridge, Tennessee 
R eceived  N o v em b er  11, 1 9 5 5

A spectrophotometric investigation of uranium(VI)-orthoçhosphate complex formation in 1 and 0 , 1 1  perchloric acid 
solutions has been carried out. Continuous variation results indicate the presence of 1:1 complexes in these solutions, while 
detailed analysis of absorbancy results at constant uranium(YI) perchlorate formal concentrations indicate that 2:1 com­
plexes also are formed. The acidity dependence of the formation quotients K , =  Ci/CuCp and K 2 =  C2/CuCp2 (in which 
C, and C2 are the total concentrations of 1:1 and 2:1 phosphate-uranium complexes, Cu and Cp are the concentrations of 
uncomplexed uranium(VI) and phosphoric acid) can be accounted for in terms of the complex species U0 2H2P0 4 +, U 02- 
H3P 0 4++, U 02(H2P 0 4)2 and U0 2(H 2P0 4 )(H3P0 4 ) +.

From measurements of uranium(VI) monohy­
drogen phosphate solubility behavior in acidic ni­
trate solutions, Leader1 suggested the formation of 
the complex U 02H2P 04+ at moderate phosphoric 
acid concentrations and the formation of higher 
complexes in more concentrated phosphoric acid. 
Similar measurements by Schreyer and Baes2 in 
phosphoric acid and acidic perchlorate solutions 
confirmed extensive complexing between uranium 
(VI) and various orthophosphate species in aque­
ous solution.

The present publication describes a spectropho­
tometric investigation of such complexing in acidic 
perchlorate solutions. While some use was made of 
the method of continuous variations, most of the 
absorbancy measurements were made at constant 
total uranium(VI) concentration and constant 
acidity, the phosphoric acid concentration being 
varied. The results were interpreted in terms of 
complexing equilibria of the type

(1 ) G .  R .  L e a d e r , R e p o r t  C N -2 1 9 5  (1944).
(2 ) J .  M .  S c h re y e r  a n d  C .  F .  B a es , J r . ,  J . A m . C hem . S o c .,  76, 354 

(1 9 5 4 ); T h i s  J o u r n a l , 59, 1179 (1955).

U 02 + + +  nH3P 04 =  U0 2EL(P0 4 )» +(2 —3n +:c) +  (3/t ■ .t.)H +
( 1 )

wherein the various complexes which may be formed 
are characterized by n =  1, 2, 3, . . .  . and x =  0, 1, 
2 . . .  . It has been assumed that polynuclear ura- 
nium(VI) complexes are not formed in appreciable 
amounts.

Theoretical
If the molar concentrations of the reactants and 

products in equation 1 are designated, respec­
tively, as Cu, Cp, Cn,x and Ch, then the concentra­
tion equilibrium quotient of formation for a single 
complex species, U 02HT(P04)„+(2 ~ 3n + is

r t  p 3 7 l -  x

-  ~ c ^ ~  <2>
From the measurements which were performed at 
constant acidity, complex formation quotients

Kn =  CuC?‘ (3)
were determined in which Cn is the total molarity 
of all complexes with a P 04/U 0 2 ratio of n, i.e.,
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X

23 C„}X. K n is related to the individual formation
x  =  0

quotients K n.tX by

K n
Kn, 0 
Cln

+
K n ,l

Q3n~ 1
K n, 2 _  K n,x

xnm-'i ' - • ■ fnzn — xOh x= o Oh
(4)

The observed absorbancy difference D (cor­
rected for any phosphoric acid absorption) between 
an acidic uranium(Vl) phosphate solution and a 
reference solution of the same composition, except 
that it contains no phosphoric acid, may be related 
to Cu, Cn and the corresponding molar extinction 
coefficients eu, e„ by

n

D =  e u C u  +  23 £nC n  CU  L  (-j \J 

n = 1
(5)

In this equation SUu denotes the total concentra­
tion of uranium(VI) in solution. The molar ex-

tinction coefficient term tn is equal to 23 e,,,xCn
Cn; i.e., the sum of the absorbancies of all complex 
species of the same P0 4_VU02++ mole ratio n, 
divided by their total molarity. Upon introducing

the material balance relation, 2 Cu 

and combining equations 3 and 5
Cu +  23 C'n,

n  =  1

r,
J3 A nK nCvn

D  =  ----------------  (6)
1 +  23 AnCp»

n  — 1

wherein An =  (e„ — eu)20u- This equation pro­
vides a relationship between the observed absorb­
ancy difference and the phosphoric acid concentra­
tion in terms of a set of A„Kn values and a set of K n 
values.

In applying equation 6 to each series of measure­
ments in which SCu, the ionic strength, and the 
acidity were constant, it was assumed that the An 
and K n terms were constant.

Experimental
Uranium(VI) perchlorate stock solutions were prepared 

by dissolving purified U 03 (free of nitrate) in slightly less 
than the equivalent amount of perchloric acid. An aliquot 
portion of the resulting solution was analyzed for uranium 
by a volumetric dichromate method,3 and the required 
amount of perchloric acid was added to the remainder to 
produce a stoichiometric uranyl perchlorate solution. Stock 
solutions of phosphoric acid, perchloric acid and sodium 
perchlorate were prepared from reagent grade materials.

The purification of U O 3 was accomplished by the peroxide 
method4’5; Mallinckrodt U O 3 was dissolved in a perchloric 
acid solution and diluted tc a uranium concentration of 5% . 
The solution was adjusted to pH 2 with dilute ammonia and 
30% hydrogen peroxide was added drop wise with rapid 
stirring, resulting in the precipitation of uranium(VI) per­
oxide. The pH was held constant during the precipitation 
by the addition of small amounts of ammonia solution. 
Hydrogen peroxide was added until further addition caused 
no change in pH. The slurry was stirred for one hour, then 
filtered through coarse filter paper in a buchner funnel. 
The precipitate was washed first with 1 %  peroxide acidified 
to pH 2 with perchloric acid, then with 1% hydrogen per­
oxide, and dried at 110°. The cake was ground, placed in 
a large platinum dish, and heated at 350° for 3 days.

(3 ) J .  M .  S c h re y e r  a n d  C .  F .  B a es , J r . ,  A n a l .  C h em ., 25, 644 (1953).
(4 ) D .  W .  M o g g  a n d  C .  E .  L a rs o n ,  R e p o r t  C -0 .3 7 5 .5 , 1946.
(5 ) K .  B .  B r o w n  a n d  C .  E .  L a rs o n ,  R e p o r t  C -0 .3 7 5 .7 , 1946.

Solutions prepared from th.s purified U 03 gave negative 
tests for nitrate and peroxide.

All absorbancies were measured with a Beckman Model 
DU spectrophotometer, using 1-cm. and 5-cm. silica cells 
in the ultraviolet, and 1-cm. Corex cells in the visible range. 
Cell blank determinations were made in all cases, and the 
results were corrected accordingly. A hydrogen discharge 
lamp was used in all ultraviolet measurements.

In the ultraviolet, the absorbancy of phosphoric acid in 1 
M  perchlorate solutions was found to be large enough to re­
quire correction of some oi the measurements. The ob­
served molar extinction coefficients at 290, 300, 310 and 318 
m/j were, respectively, 0.058, 0.037, 0.021 and 0.014.

Continuous Variation Measurements.—The absorbancies 
of two series of uranium) VI) phosphate solutions, 1 and 0.1 
M  in perchloric acid, were determined at 25 ±  2°, using 
water in the reference cell. In the 1 M  acid solutions, 
wherein the sum of the uranium) VI) and phosphoric acid 
concentrations was 0.137 M , measurements were made in 
the visible range. In the 0 1 M  acid solutions, adjusted to 
an ionic strength of approximately 0.14 M  with sodium per­
chlorate, it was necessary to reduce the total uranium(VI)- 
phosphoric acid concentration to 0.014 M  in order to avoid 
the precipitation of uranium(VI) monohydrogen phosphate. 
As a result, the latter measurements were made in the ultra­
violet at wave lengths where absorbancies were conveniently 
high.

Measurements at Constant Formal Concentration of 
Uranium(VI) Perchlorate.— The absorbancies of two series 
of solutions, 0.000943 M  in uraniun(VI) perchlorate, 1 and 
0.1 M  in perchloric acid, and containing various amounts 
of phosphoric acid, were determined in the ultraviolet. 
The ionic strength of the 0.1 I f  acid solutions was adjusted 
to 1 M  by the addition o:’ sodium perchlorate. A third 
series of solutions, 0.0377 M  in uranium(VI) perchlorate and 
1 M  in perchloric acid, was run in the visible range. The 
absorbancy, D, of each sample was measured at 25 ±  1°, 
against a reference solution otherwise of the same composi­
tion, but free of phosphoric acid. As a result, wider slit 
widths were required than for the continuous variation 
measurements. Care was taken to keep the slit width the 
same for all measurements f  t a single wave length.

Results
The continuous variation plots of D, the differ­

ence in absorbancy between the uranium (VI) phos­
phate solution and a similar solution of free phos­
phate, vs. x, the ratio of uranium(VI) molarity to 
the sum of the formal concentrations of ura- 
nium(VI) and phosphoric acid, are presented in 
Fig. 1. These curves clearly indicate the presence 
both in 1 and 0.1 Ilf acid of complex species in 
which the ratio of uranium to phosphate is unity.

Plots of D vs. (7P (thj equilibrium concentration 
of free, undissociated phosphoric acid) for the two 
series of measurements at 0.000943 AfSOu are pre­
sented in Fig. 2. In the case of the 1 M  acid data, 
Up was assumed to be equal to the total concentra­
tion of phosphoric acid, 2Cp, since the amount 
consumed in complex formation may be neglected 
and the primary dissociation

H3P 0 4 =  H+ +  H2FO4 -, K  =  0.021 mole/1. 6 (7) 
is only about 2% . In the case of the 0.1 M  acid 
data, however, the dissociation of phosphoric acid 
becomes appreciable, not only decreasing Cp, but 
also increasing the hydrogen ion concentration, Oh. 
A simple correction can be made for these two ef­
fects by the assumption that U 02H2P 04+ and U 02-

( 6 )  T h is  c o n c e n tra t io n  e q u iL b r iu m  q u o t ie n t  v a lu e  w a s  e s t im a te d  
f ro m  as y e t  u n p u b lis h e d  p o te n t ia l m e a su re m e n ts  o f  th e  c e l l:  P t ,
Q u in h y d ; N a C 1 0 4 (0 .9  M ) ,  H C I O 4 (0.1 M ) ;  N a C IC b  (0 .9  M ) ,  H C 1 0 4 
(0.1 M ) ,  H 3P O 4 ( c ) ; Q u in h y d . ,  P t .  I t  m a y  b e  c o m p a re d  w it h  0.016 
m ole/1 . (30°, /j — 0 .5 6 ), R .  G r i f f i t h  a n d  A .  M e K e o w n , Trans. Faraday 
Soc., 36, 776 (1 9 4 0 ); 0 .030 m ole/1- (30°, ¡x =  0 .6 6 5 ), O .  L a n f o r d  a n d  
S. K ie h l,  J. Am. Chem. Soc., 64 292 (1 9 4 2 ); 0 .020 (30°, n  =  1 .0 -1 .1 ),  
M . C h e r  a n d  N. D a v id s o n ,  ibid., 77, 793 (1 95 5).
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0 0.2 0.4 0.6 >0.8 1.0
X .

Fig. 1.— Continuous variation results: in 1 M  acid: 
A , 410 m/t; « .  420 m^; O, 424 rnM; in 0.1 M  acid: O, 
290 m/i; • , 300 A, 310 m/i.

(H2P0 4)2 are the only complex species in solution 
which need be considered at this acidity and range 
of phosphoric acid concentration.7 The correspond­
ing formation quotients (c/. equation 2) are

K lA =  C^C h/C dCp and K },t =  C^C^/CxsCl

which may be rewritten
Cnifo.i) „ _ c-yo.i)2

1,2 Cu(0 .1 C p /C h ) ’ 2,4 C u(0 .1C p /C h )2
(8)

From these expressions it is clear that the term 
(0.1 Cp/Cb)  represents the equilibrium concentra­
tion of undissociated phosphoric acid at an equilib­
rium acidity of exactly 0.1 M  for the same val­
ues of the ratios Ci^/Cu and C^/Cu that existed 
in actual solutions. Accordingly, equilibrium val­
ues of (0.1 Cp/Cu) were calculated from the initial 
solution composition using K  =  0.021 (neglecting 
the small changes produced by complex formation). 
These corrected values for Cp were plotted for the 
0.1 M  acid results in Fig. 2 and were used in the 
subsequent calculations. The magnitude of this 
correction is indicated in Table I.

The absorbancy results at 0.0377 M  SCu in 1 M  
acid are plotted vs. SCp in Fig. 3. Here Cp is not 
known directly from SCp since, at this higher ura­
nium concentration, an appreciable amount of 
phosphoric acid is consumed in complex formation.

(7) While the Kn,x values estimated in the discussion indicate that 
in 0.1 M  acid three complexes— UChHsPO^, UOjCHaPCU)* and 
UOaCHsPOiHHaPOi) +— should be considered, the fairly small effect 
of this correction procedure on K\ and Kt values (c/. footnote b, 
T a b le  III) su ggests  that no serious error is introduced by neglecting 
UOt(H*PO4)(HiPO0 +.

Fig. 2.— Absorbancy results at SCu =  0.000943 M : 
O, 290 m^; O, 300 m/x; ▲, 310 m^; A, 318 mp. The points 
are the measured absorbancies;. the curves were calculated 
from equation 9 using appropriate values of A „K „ and K n 
(Tables II and III).

Fig. 3.— Absorbancy results in 1 M  perchloric acid at 
ZCu =  0.0377 M : A, 410 mu; • , 420 ni/j; o , 424 m̂ i. 
The points are the measured absorbancies; the curves were 
calculated from equation 9 using Ki =  11 and K 3 =  24, 
along with the following A n values (obtained by solutions 
of equation 13): at 410 mya, A t =  0.358, A 2 =  0.171; at 
420 mM, A i  =  0.371, A 2 =  0.152; at 424 A, =  0.422, 
A2 =  0.282.
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T a b l e  I
E f f e c t  o f  t h e D i s s o c i a t i o n  o f  P h o s p h o r i c  A c i d  

0.1 i l l  P e r c h l o r i c  A c i d

K = 0 .0 2 1  m o le / 1 . ; M =  1 .0 .

2Cp, C p , 0 .1 C p/C h % ,
M M M

0.00417 0.00345 0.00343
.01043 .00865 .00849
.02086 .01734 .01675
.0522 .0437 .0403
.1043 0883 .0761
.2086 .1794 .1389

Determination of K n Values.— The first step in 
the analysis of the D vs. Cp data in Fig. 2 was to 
plot D/Cp vs. D for each wave length at each acid­
ity.8 From equation 6 it can be shown that for a 
series of mononuclear complexes in which n = 
1, 2, 3, . . . ,  the intercept of such a plot at D = 0 
is AiKi. As D -*■ 0 the limiting slope, d (D /C p)/ 
dD =  — Ki +  A2K 2/A1K 1. For the special casein 
which only 1:1 complexes are formed, the plots will 
be linear with slope — i u .9

The D/Cp vs. D plot obtained from the present 
results were linear up to fairly high values of D in 
all cases, permitting good extrapolations to D =  0. 
The A 1K 1 values so obtained, along with the limit­
ing slopes are listed in Table II. Since these limit­
ing slopes are not the same for all four wave lengths 
at each acidity, and since systematic deviations 
from linearity occurred at high D (high Cp) values 
it was assumed that in addition to the 1:1 complexes

T a b l e  II
S u m m a r y  o f  A 1K 1 a n d  A 2K 2 V a l u e s

A, [d (D / C p )/ d J D ]D — ► o, A i K i , AiKi,
m/i Af-i M ~ l M - 2

1 M  HCIO,
290 -  6.91 0 . 7 9 4 3.00
300 -  7.62 .489 1.58
310 -  9.66 .491 1.01
318 -1 0 .0 .532 0.98

0.1 M  HCIO4-O ,.9 M  NaCICh
290 -4 1 .0 6.85 90.3
300 -4 5 .1 4.22 45.0
310 -4 8 .6 3.67 26.8
318 -5 1 .6 3.81 22.8

(8 ) T h is  k in d  o f p lo t  w a s  f ir s t  p ro p o s e d  b y  W .  B .  L e w is  (T h e s is ,  
U n iv e r s i t y  o f  C a l i f o r n ia  a t  L c s  A n g e le s , 1942, d e s c rib e d  b y  T .  W .  
N e w to n  a n d  G .  M .  A r c a n d ,  J . A m . C h em . S o c .,  75, 2449 (1 9 5 3 )).

(9 ) U p o n  re a r ra n g in g  e q u a t io n  6 to

D_
Cp

n
E (An -  D )KnCP" - 1

i t  is  e v id e n t  t h a t  as C p  a n d  D  a p p ro a c h  z e ro , D / C p  a p p ro a c h e s  A i K i .  
U p o n  d if fe re n t ia t in g  t h is  e q u a t io n  w i t h  re s p e c t t o  D  a n d  le t t in g  D  
a n d  C p  a p p ro a c h  ze ro

d(D /C P)
dD —Ki +  A 2K 2

d C p

dZT
a n d  s in ce  th e  l im i t in g  v a lu e  o f  d C p /dZ>  is  1/A\K\, th e  l im i t in g  s lo p e  
d (Z ),/ C p )/ d Z ) is  — K \  +  A 2K 2/ A 1K 1 .

W h i le  th is  k in d  o f  p lo t  ha s  b een  used b y  s e v e ra l in v e s t ig a to rs  fo r  
a n a ly s is  o f  1 :1  c o m p le x  fo rm a t io n ,  to  th e  a u t h o r ’s k n o w le d g e  i t  ha s 
n o t  b een  e m p h a s ize d  p re v io u s ly  t h a t  i f  a p p re c ia b le  2 :1  c o m p le x  fo rm a ­
t io n  o c c u rs , th e  l im i t in g  s lo p e  o f  s u ch  a p lo t  w i l l  n o t  be th e  e x p e c te d  
s im p le  fu n c t io n  o f  K i .

indicated by the continuous variation curves (Fig. 
1), 2:1 complexes also are formed.

In such a case equation 6 becomes
M iCp +  A 2K 2C%

V 1 + KrCv + K2CI '-9'1

Besides K\ and K 2, the only unknown constant in 
this equation is A2K 2. Values for this quantity were 
estimated by a graphical method based on the 
equation

1 — Ro/R 
~ C i

A 2'K 2
AAK i (Ro/R)

A 2"K2
A i"K i

( 10)

Here, R = D'/D" for two wave lengths, A' and A", 
at the same Cp value; R0 = A/K i /A /K i  (the limit­
ing value of R as Cp 0). This equation is de­
rived directly from equation 9.10 Plots of (1 — 
Ro/R)/Cv v s . Ro/R were made for the following 
pairs of wave lengths

(1) X' =  290, X" =  318 (3) X' =  300, X" =  318
(2) X' =  290, X" = 310 (4) X' =  300, X" =  310

The points conformed sufficiently well to straight 
lines so that individual slopes and intercepts could 
be estimated to ±10%  and ±15% , respectively.11 
These uncertainties were improved somewhat by 
making the fitted lines also conform to the follow­
ing relationships, as required by equation 10

Slope (1) =  slope (2), Slope (3) =  slope (4) 
Intercept(l) =  intercept(3), Intercept(2) =  intercept(4)

The ratios A2K2/A 1K1, so determined, give the A2K2 
values listed in Table II.

From these values of A1K 1 and A2K2 it was possi­
ble to determine the formation quotients K\ and K2 
by means of the following rearrangement of equa­
tion 9.

AiKi -  A2K 2Cf 1
D Cp

K 2C p +  Ki ( 11)

A plot of the left-side of this equation vs. Cp is 
shown in Fig. 4. The single straight lines at each 
acidity, of slope K 2 and intercept K\ (Table III),

T a b l e  III
F o r m a t i o n  Q u o t i e n t s  f o r  U r a n i u m ( V I ) -  

O r t h o p h o s p h a t e  C o m p l e x e s  a t  25°.
F o rm a t io n
q u o t ie n t0

K\, M ~ l 
K 2, M -*

1 M  O . l M H C l O i -
H C l O i  0 .9  1  N a C IC M

11 ±  2 58 ±  4
24 ±  5 470 ±  50

a Cf. equation 3. b If no corrections were made for the 
dissociation of phosphoric acid, the resulting K n values would 
be Ki =  50; K 2 =  400.

indicate that the data in Fig. 2 may be accounted 
for by assuming 1:1 and 2:1 phosphate-uranium 
complexes only. This is apparent (Fig. 2) from 
the conformity between the measured points and 
the calculated D vs. Cp curves, which were obtained 
by substituting appropriate values of A xKi,

(1 0 ) E q u a t io n  10 is  o b ta in e d  b y  re a rra n g in g

D ’ A i 'K i  +  A 2'K ,C p

D" A i " K i  +  A 2" K 2Cp

(1 1 ) F o r  these  p lo ts  o n ly  th e  m e a s u re m e n ts  a t  th e  f iv e  h ig h e s t  
C p  v a lu e s  w e re  u sed  s in c e , a t  th e  lo w e r  C p  ( lo w e r  D )  v a lu e s , th e  
e x p e r im e n ta l e r ro r  le d  to  exce ss ive  s c a tte r .
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A 1K 2 , K\ and K 2 into equation 9.12 The scatter 
of points at low Cp values in Fig. 4 results from the 
increased sensitivity of the A\Ki — A2K 2 function 
to errors in D.

Similar determinations of Ki and K 2 could not 
be made from the data at 0 .0377M '2 C v  (Fig. 3) 
since here the equilibrium concentration of phos­
phoric acid Cp was not known from SCp with suf­
ficient accuracy. However, the conformity of 
these results to K\ =  11 and K 2 =  24 was estab­
lished as follows. The concentration of unc.omplexed 
phosphoric acid Cp was first calculated for each 
SCp value from the equation13

(1 2 ) T h e  fo l lo w in g  a d d it io n a l o b s e rv a t io n s  can  b e  m a d e  f ro m  th e  
AnK -n  a n d  K n  v a lu e s  in  T a b le s  I I  a n d  I I I .  T h e  c a lc u la te d  l im it in g  
s lop es  fo r  th e  D / C p  v s . D  p lo ts  (  — K i  +  (A iK t/ A iR \ ) )  a g re e  w i t h  th e  
o b s e rve d  va lu e s  w it h  a n  a v e ra g e  d e v ia t io n  o f ca . 5 % .  B e ca u se  o f 
th e  w id e  ra n g e  o f  l in e a r i t y  o f  thes e  D / C p  vs. D  p lo ts ,  e q u a t io n  9 w a s 
e x a m in e d  fo r  a  c o n d it io n  w h ic h  w o u ld  y ie ld  p e r fe c t ly  l in e a r  p lo ts . 
T h is  c o n d it io n  w a s  fo u n d  to  be

Ki A 2K 2
AiKi

A ,K f I 
A lK 1]

I t  is  a p p ro x im a te ly  t ru e  fo r  each  se t o f A nK n a n d  K n v a lu e s  in  T a b le s  
I I  a n d  I I I .

(1 3 ) E q u a t io n  12 is  o b ta in e d  b y  c o m b in a t io n  o f  th e  m a te r ia l b a la n c e  
re la t io n s

S C p  =  C p  +  C i  +  2 C 2 =  C p  -f* K iC jjC p  +  K zC xjC p2 
2Cu —  C jj +  Ci +  C2 — Cu H~ iviCuCp KtCvCp*

T h e  d is s o c ia t io n  o f  p h o s p h o r ic  a c id  in  1 M  p e rc h lo r ic  a c id  is  a g a in  
n e g le c te d .

c P =  s c p -
r  KiC-p +  2g,Cg -I

U Ll +  KiCr +  K ,C lJ ( 12)

Using these same K n values, A\ and A > were then 
evaluated at X =  410, 420 and 424 m^ from graphi­
cal solutions of the equation

^  ( 1  +  A h C p  +  K 2C l )  =  A J K tC ?  +  A i K i  ( 1 3 )

(a rearranged form of equation 9). The resulting 
An values along with these K n values lead to the 
calculated D vs. 2Cp curves drawn in Fig. 3.

Discussion
From the continuous variation results, it is evi­

dent that equilibria of the type
U 0 2++ +  H 3P O ,  =  U 0 2H J P 0 4+<*-!> +  (3  -  i ) H +  ( 1 4 )

are important complex-forming reactions in both 1 
and 0.1 M  acid. In the analysis of the results in 
Figs. 2 and 3, it has been found necessary to assume 
the formation of 2:1 complexes as well, correspond­
ing to the general reaction
U O H - +  2 H3PO4 = U O dU iPO O U '*-« +  (G -  ,c)H +

(1 5 )

The conformity of the results for 0.0377 M ura- 
nium(VI) solutions to the Ki and K2 values de­
rived from the 0.000943 M  uranium(VI) data 
(Table III) provides strong evidence that the neg­
lect of polynuclear complex formation in the pres­
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ent treatment is justified. If such complexes were 
formed to an appreciable extent in the dilute ura- 
nium(VI) solutions, their contribution would be 
much higher in the more concentrated solutions 
and would be expected to produce inconsistencies 
in the latter case.

The uncertainties assigned to K x and K 2 are valid 
only within the assumptions which have been made. 
As discussed elsewhere,2 the solubility behavior of 
uranium(VI) phosphates in phosphoric acid indi­
cates the formation of 3:1 complexes. If 3:1 
complexes are formed to an appreciable extent in 
the present 1 and 0.1 M  solutions, the corresponding 
As term in equation 6 must be such that the result­
ing effect on D is not apparent. Accordingly, the 
value of Ko should be regarded as less certain than 
Ki, which would be relatively unaffected by such a 
complication.

From the values listed in Table III, it appears that 
the acidity dependence of Ki is less than first power,

while that of K 2 lies between first and second power. 
Considering the general relationship between K n 
and the individual formation quotients K UtX, given 
by equation 4, these acid dependencies may be ac­
counted for most simply by
A, = K i .i /C-El +  X],3; K ,  = K 2 , 4 / C h 2 +  W C H  (16) 
This corresponds to the formation of the following 
complex species

U 0 2H2P 0 4 + U 0 2(H2P 0 4) 2
U 0 2H3P 0 4++ U 0 2(H2P 0 4)(H 3P 04) +
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THE INFLUENCE OF STRUCTURE UPON THE VISCOUS BEHAVIOR OF 
SOME CARBOXYMETHYL POLYSACCHARIDES1
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An investigation of the viscosity of aqueous solutions of carboxymethyl polysaccharides showed that the reduced viscosity 
of polyelectrolytes depends upon the normal conformation of the polymer chain, the density of attached ions, structural 
limitations to deformation and the concentration of the polymer. The variation of the viscosity with charge was found 
to be independent of the concentration, so that one can describe the reduced viscosity in terms of an equation containing four 
independent terms: yap/c  =  [n]Rmf{-y)f{c). In this equation, [i; ] is the intrinsic viscosity of the uncharged polyelectrolyte, 
Rm is a constant describing its extensibility, / ( 7 ) is a quadratic function of the charge and is identical for all the polysac­
charides studied, but does contain the parameter Rm, an d /(c) is given by the Fuoss equation, and is identical for all samples. 
Both amyloses and amylopectins were used in this work and it was shown that for samples of equal molecular weight, the 
constant Rm is larger for the linear amyloses than for the branched amylopectins. From the value of Rm of dextran samples 
it was inferred that these must be essentially linear with short branches attached to a main chain.

An investigation of polyelectrolyte viscosity 
derives a number of advantages from the use of 
carboxymethyl polysaccharides (CMP). The car­
bohydrate polymers allow the independent deter­
mination of structure and molecular weight on the 
parent polymer; they permit the formation of 
well-defined, branched polyelectrolytes; and they 
permit control of the extent of substitution. In 
this manner, polyelectrolytes of identical structure, 
but with different charge densities are produced. 
The latter property, particularly, distinguishes this 
group of compounds and adds an exceedingly use­
ful variable.

The experiments reported here make use of the 
properties peculiar to CMP. The work is limited 
to the study of viscosity as a function of the number 
of charged groups on the various molecular skele­
tons available, a variable which can be changed by 
both a variation of the degree of substitution and a 
variation of the degree of neutralization. At the 
same time, the influence of the degree of substitution 
on the acid strength was studied to determine any

(1 ) P re s e n te d  a t  th e  125th m e e t in g  o f th e  A m e r ic a n  C h e m ic a l 
S o c ie ty ,  K a n s a s  C i t y ,  A p r i l ,  1954.

(2 ) D e p a r tm e n t  o f C h e m is t r y ,  N o r th e a s te rn  U n iv e r s i t y ,  B o s to n  
15, M a s s a c h u s e tts .

possible electrostatic effects due to the spatial ar­
rangements of the charged groups.

A number of theoretical developments on the 
viscosity of polyelectrolytes have been published3-9; 
but only one of these3 is applicable to salt-free solu­
tions, and its assumptions break down at quite low 
degrees of neutralization and at small concentra­
tions. Elucidation of the observed behavior must, 
therefore, rest upon an empirical approach.

Fuoss and co-workers10'11 have studied the prob­
lem extensively, and have proposed the equation 

W e  = A / a  +  B c 'h )  +  D  (1)
for the concentration dependence of the viscosity

(3 ) A .  K a te h a ls k y ,  0 .  K i in z le  a n d  W .  K u h n ,  J. Polymer Sci., 5, 283 
(1950).

(4 ) W .  K u h n ,  0 .  K i in z le  a n d  A .  K a te h a ls k y ,  Helv. Chim. Acta, 31, 
1994 (1948).

(5 ) O .  K i in z le ,  Rec. trav. chim., 68, 699 (1 94 9).
(6 ) J .  J .  H e rm a n s  a n d  J .  T .  G .  O v e rb e e k , ibid., 67, 761 (1 9 4 8 ); 

Bull. soc. chim. belg., 57, 154 (1948).
(7 ) G .  E ,  K im b a ll ,  M .  C u t le r  a n d  H .  S a m e lso n , T h is  J o u r n a l , 56, 

57 (1952).
(8 ) P .  J .  F lo r y ,  J. Chem. Phys., 21, 162 (1953).
(9 ) A .  K a te h a ls k y  a n d  S . L ifs o n ,  J. Polymer Sci., 11, 409 (1953).
(10) R .  M. F u o s s  a n d  U. P .  S tra u s s , (a ) Ann. N. Y. Acad. Sci., 51, 

836 (1 9 4 9 ); (b )  J. Polymer Sci., 3, 246 (1 9 4 8 ); (c ) 3, 602 (1 9 4 8 ); 
(d )  3 , 603 (1948).

(11) R .  M .  F u o s s  a n d  G .  I .  C a th e rs , ibid., 4 , 97 (1949).
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at a fixed degree of neutralization. In this equa­
tion, A, B and D are empirical constants, c is the 
concentration of the polyelectrolyte, and i;3p/c, 
the reduced viscosity. Only one attempt has been 
made to correlate the parameters of equation 1 
with experimental variables1011; in another study,12 
the equation has been reported to fail, yielding nega­
tive quantities for the extrapolated value of the 
reduced viscosity at zero concentration, and thereby 
indicating a lack of correspondence between equa­
tion 1 and the Huggins13 equation for the intrinsic 
viscosity of an uncharged polymer.

Katchalsky14 has shown that the viscosity of 
polyacrylic acids (PAA) of different degree of poly­
merization in solution of pH 6 increases greatly 
with degree of polymerization, whereas acidified 
solutions of the same substances show only slight 
increases similar to those observed with uncharged 
polymers. The explanation for this behavior is 
that the acidified polymer is uncharged and in a ran­
dom coil configuration, and shows a molecular 
weight dependence of viscosity similar to that of 
uncharged polymers. The partially neutralized 
PAA, on the other hand, is distorted toward a rigid 
rod, with the axial ratio increasing as the number 
of segments becomes larger.

In the present investigation, the conclusions of 
Katchalsky are tested further by a comparison of 
the changes in viscosity of some polymer homolo­
gous, branched polyelectrolytes (carboxymethyl- 
amylopectins) and some linear, polymer homolo­
gous polyelectrolytes (carboxymethylamyloses) 
consisting of identical monomer units.

The factors which must be considered hi a study 
of the viscosity of polyelectrolytes are the concen­
tration, the degree of charge and the degree of poly­
merization. In addition, for comparison of branched 
and linear polyelectrolytes, the spacing of the 
charges and the polymer structure also are of im­
portance. All these were treated in the following 
manner.

Relative molecular weights could be obtained 
from the intrinsic viscosities of the acid forms of the 
CMP in dilute HC1 solution. Concentration and 
degree of charge effects could be investigated sep­
arately because it was discovered that these are in­
dependent of each other. Furthermore, it was 
found that the functions of the reduced viscosity 
with respect to the concentration and with respect 
to the degree of charge are identical for all polymers 
investigated. Measurements of pH showed that 
there is no difference in the hydrogen ion binding 
between linear and branched series. It could, 
therefore, be inferred that the different spatial dis­
tribution of charges on linear and branched CMP 
does not change the interionic repulsions. Any 
difference in the viscosity between branched and 
linear CMP, after the above factors are taken into 
consideration, may then be attributed to the struc­
ture, and to the structural limitations to extension.

Experimental
CM derivatives v/ere prepared from samples of amylose, 

amylopectin and dextran described in Table I. It must be
(12) J. R . Schaefgen and C. F. Trivisonno, J. Am, Chem. Soc., 74, 

2715 (1952).
(13) M . L. Huggins, ibid,, 64, 2716 (1942).
(14) A . Katchalsky, J. Polymer Sci., 7 , 393 (1951).

noted that the conditions of the substitution reaction are 
sufficiently drastic to cause slight changes in molecular 
weight distribution and average molecular weights. 15 16 The 
reaction, for which the over-all equation

20%  NaOH
(C 6H 10O6)„ +  xCICHîCO O H ------------------ >-

(CeHioOs)«- *(C6H „06CH ,C00H )*
can be written, involves the solution of the polysaccharide 
in 20% NaOH solution to which the required amount of 
monochloroacetic acid was then added . 18 The reaction 
mixture was left at room temperature overnight. Substitu­
tion occurred to about 30-60% of theoretical monochloro­
acetic acid addition. The CM derivative was then pre­
cipitated from the alkali solution by the addition of three 
volumes of 95%  ethanol. The gummy mass was redissolved, 
then dialyzed for two days against frequently changed dis­
tilled water. The purified solution was concentrated and 
converted to the acid form by passing through a column of 
cationic ion exchange resin 1R-120-H. The remaining an­
ions were removed by passing the acid through a bed of 
Amberlite IR-4-B.

T a b l e  I
T h e  P a r e n t  P o l y s a c c h a r i d e s

Polysaccharide

Branch­
ing,
% Source

Native Amylose None Whole potato starch
L.S. 96 Amylose None Defatted corn starch in 2 M

Native Amylo- 5 61

HC1 at room temp., 96 hr. 
Whole potato starch

pectin
L.S. 96 Amylo- 5 Same as L.S. 96 Amylose

pectin
L.S. 648 Amylo­ 5 Whole potato starch in 2 M

pectin
Limit Dextrin, 5

HC1 at room temp., 648 hr. 
L.S. Amylopectin treated

L.S. 96 
Dextran 1028 2 0 35

with /3-amylase for 60 hr.
Leuconostoc mesenteroides

Dextran 1041 C 2 0 36

1028, hydrolyzate 
Leuconostoc mesenteroides

Dextran B 512 435
1041 C, hydrolyzate 

Leuconostoc mesenteroides
B 512, hydrolyzate

The samples prepared and their degree of substitution are 
listed in Table II. The reaction by which they were pre­
pared was not carefully controlled, and the average extent 
of substitution of each sample was determined by titration 
of the sample with base, and dry weight analysis. The de­
gree of substitution of a sample, (3, in -COOH groups per 
glucose unit can be obtained from the above data by the 
equation

milliequiv. base =  mg. of sample/(58 +  162//S) (2)
All the CM derivatives prepared in this work showed 

enhanced solubility over their parent polymers. Because of 
the experience of Roger , 16 who found that dried samples of 
CMP would not readily redissolve, the samples were never 
dried, but were stored in a refrigerator.

The viscosities were measured with a Bingham17 viscome­
ter set up for operation with an external pressure of 30-90 
cm. water. This arrangement was necessary because all but 
the lowest molecular weight samples showed a definite shear 
dependence of viscosity. A precision of ± 0 .3 %  could be 
attained for any one reading. The viscometers were cali­
brated with distilled water and with National Bureau of 
Standards Oil H-6 . Measurements were made in a constant 
temperature bath at 30 ±  0.02°, and 20 minutes were al­
lowed for temperature equilibration. Four readings were 
taken at each of at least three different pressures, and the 
averages of the four readings were taken for a single point. 
The viscosity at zero shear stress was determined from plots

(15) P. M . Willis, Dissertation, Columbia University, 1946.
(16) M . Roger, Dissertation, Columbia University, 1952.
(17) E . C. Bingham, “ Fluidity and Plasticity," AicGraw-Hili

Book Co., New York, N . Y .,  1922.
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T a b l e  II
D e s c r i p t i o n  o f  S a m p l e s

weight of the monomer unit varies with the extent 
of substitution.

Parent
material Type

A v.
mol.
wt.

Sample
code

Degree
of

substi­
tution

Native amylose linear ca. 10s CMHAa 0.794
CMHAa-2 .600
CMHAb .152
CMHAc .170

Lintner starch 96 linear CMMAa .750
Amylose CMMAb .275

Native amylo- branched ca. 107 CMHBa .746
pectin

Lintner starch 96 branched CMMBa .746
amylopectin CM M Bb .172

Lintner starch branched 5000 CMLBa .821
648 amylopectin

Limit dextrin branched CM M Df .485
from L.S. 96 CM MDg .270
amylopectin CM MDh .132

Dextran from 3 X  104 CM512a .6 9 0
B 512 CM512b .4 6 7

Dextran from 2 X 106 CM28a .5 0 5
1028 CM28b .499

Dextran from 2 X  106 CM41a .763
1041 C CM41b .407

of the viscosity at the various pressures against the pressure.13 
Fox, Fox and Flory19 have suggested another method which 
was also used in a few cases. Agreement between the zero 
shear stress values obtained by the two methods was better 
than 1%.

Intrinsic viscosities to characterize each of the samples 
were first determined in 0.0869 M  HC1 at concentrations up 
to about 0.05 grundmolar.20 The remaining data were taken 
in water solution. The correct degree of ionization in these 
determinations was found by adding the number of carboxyl 
groups which dissociated by self-ionization to the number 
neutralized by base. The former quantity was calculated 
from pH measurements.

A Beckman laboratory model pH meter was employed 
for the pH measurements. In addition, a few determina­
tions were checked with a quinhydrone electrode.21 Agree­
ment between the two methods was to ±0 .03 pH unit, 
which was also the limit of reproducibility.

Results
Viscosity.— The intrinsic viscosity of the un­

charged CMP can be measured directly because of 
their solubility in dilute HC1 solutions in which 
only about 0.1%  of the carboxyl groups are ionized. 
The values vary slightly with substitution, but 
agree closely with the values of the intrinsic vis­
cosity of the parent polymers in the case of the 
dextrans, for which the latter quantity is easily 
obtainable (Table III). The concentration in all 
cases is given in terms of grundmole20 since this 
unit is related to the kinetic segments upon which 
theoretical developments of the viscosity22-23 are 
based. For the partially substituted CMP, the 
monomer is either the glucose residue, or the glucose 
glycolic acid ether, and thus the average molecular

(18) H . T . Hall and R . M . Fnoss, J. Am. Chem. Soc., 73, 265 (1951).
(19) T . G . Fox, Jr., J. C. Fox and P. J. Flory, ibid., 73, 1901 (1951).
(20) Grundmolarity is defined as the molarity of monomer units. 

H . Staudinger, “ Die Hochmolekularen Organischen Verbindungen,”  
Julius Springer, Berlin, 1932.

(21) F. Daniels, J. H . Mathews and J. W . Williams, “ Experimental 
Physical Chemistry,”  3rd E d ., M cG raw -H ill Book Co., New York, 
N . Y . ,  1941.

(22) J. G . Kirkwood and J. Riseman, J. Chem. Phys., 16, 565 
(1948).

(23) P. Debye and A . M . Bueche, ibid., 16, 573 (1948).

T a b l e  III
C o m p a r i s o n  o f  t h e  I n t r i n s i c  V i s c o s i t i e s  o f  D e x t r a n s  

a n d  C a r b o y e t h y l  D e x t r a n s

Sample
Degree of 

substitution
Intrinsic
viscosity

Dextran 1028 4 .5  =b 0.1
CM28a 0.505 5 .0
CM28b .4 9 9 4 .8
Dextran 1041 C 4 .2
CM41a .763 4 .2
CM41b .407 4.2
Dextran B 512 3 .4
CM512a .6 9 0 3.6
CMS 12b .467 3.4

The viscosities of the aqueous solutions of the 
pure acid, or the partially neutralized CMP showed 
the usual increase in reduced viscosity with de­
creasing concentration. In many instances, when 
the reciprocal of the reduced viscosity was plotted 
against the square root of the concentration, ac­
cording to equation 1. negative values were ob­
tained for the constants which, therefore, could 
have no physical significance in terms of a model of 
the molecules. Schaefgen and Trivisonno12 had 
found similar behavior in the case of polyamides in 
formic acid, and modified the equation to ensure 
positive constants. It became apparent that an 
explanation of the extension of the CMP molecules 
could not be based upon an equation which failed in 
several instances.

To avoid this difficulty another approach was 
pursued. It was discovered that the ratio of the 
viscosity of a sample of a partially neutralized CMP 
to the viscosity of its pure acid form in water at the 
same concentration remains approximately con­
stant, irrespective of the concentration (Table IV— 
Experimental Data). The constancy of this ratio 
can be improved somewhat (Table IV— Corrected 
Data) by taking into consideration that the car­
boxymethyl polysaccharides are fairly strong acids, 
with pK values of about 5. In solution, the poly­
electrolyte molecules wfil therefore dissociate to an 
extent which depends upon the concentration. 
Consequently, the values of the reduced viscosity 
that appear in the denominator of the ratios in 
Table IV refer to solutions which are not at the 
same degree of ionization.

The correction that can be applied can be illus­
trated with reference co Fig. 1, which shows the 
concentration dependence of the reduced viscosity 
of sample CMHAb. The upper curves represent 
experiments in which the acid groups of the poly­
electrolyte molecules have been neutralized with 
base to the extent shown. Because of the large 
amount of ionization by base, self-ionization is 
negligible in these solutions. The lowest curve, 
on the other hand, represents points that were 
charged only by self-ionization, which quantity 
varies from 0.037 to 3.062 in the concentration 
range shown. Since it was found that, to a good 
approximation, one can treat the charge dependence 
of the reduced viscosity independently of all other 
factors by means of equation 5, one can correct the 
viscosities of the lowest curve to a common value
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T a b l e  I V

R a t i o  o f  t h e  V i s c o s i t y  o f  a  P a b t i a l l y  N e u t r a l i z e d  C a r b o x y m e t h y l  P o l y s a c c h a r i d e  t o  t h e  V i s c o s i t y  o f  i t s  P u r e

A c i d  F o r m

S a m p le C o n c n . E x p . C o r .

CM HAa a =  0.322
0 . 0 1 2 . 7 7 6.18

. 0 2 3.41 6.56

.03 3.51 6.85

.04 3.63 6.79
CMHAb a =  0.277

0.01 1 . 5 7 2.28
.02 1 . 3 4 1.51
.03 1.69 1.69
.04 1.75 1.57

CMMBa a = 0.314
0.01 2 . 5 5 3.44

.02 2.58 3.04

.03 2.60 2.83

.04 2.54 2.54
CMMBb a = 0.305

0.01 1.60 1.94
.02 1.68 1.81
.03 1.61 1.61
.04 1.62 1.46

CM M D f a =  0.300
0.01 2.40 2.71

.015 2.39 2.53

.02 2.54 2.54

grundmoles.

Fig. 1.— Variation of reduced viscosity with concentration 
sample CMHAb.

of the degree of charge (dotted line in Fig. 1) by 
evaluating/ ( 7) for the common value of the degree 
of charge, evaluating it for the experimentally de­
termined degree of charge, and multiplying the 
experimental reduced viscosities of the acid form by 
their ratio. The corrected values of the reduced 
viscosity are then used to determine the corrected 
ratios in Table IV.

■7i(a)/t] m  w a te r -
E x p . C o r . E x p . C o r .

a =  0.638 a =  0.925
4.35 10.6 5.60 12.7
5.80 11.0 7.70 14.0
6.30 11.6 7.94 15.3
6.72 12.4 10.0 17.0

a =  0.587 a =  C.950
2.32 3.36 3.18 4.60
2.06 2.32 2.88 3.25
2.65 2.65 3.24 3.24
2.70 2.43 4.00 3.60

a =  0.605 a =  0.950
3.82 5.16 4.58 6.18
3.85 4.54 4.78 5.64
3.85 4.14 4.83 5.18
3.87 3.87 4.85 4.85

a =  0.615 a =  0.950
2.50 3.03 3.65 4.42
2.59 2.80 3.88 4.19
2.56 2.56 3.64 3.64
2.50 2.25 3.41 3.07

a = 0.607 a =  0.968
3.87 4.37 4.91 5.55
3.96 4.20 4.80 5.09
3.77 3.77 5.00 5.00

The above approximation regarding the inde­
pendence of the effects of the concentration and the 
charge permits the measurement of the increase of 
the reduced viscosity due to charge alone and, there­
from, the extension of the hydrodynamic volumes 
of the molecules under the influence of electro­
static repulsions. To simplify the representation 
of these effects, the stretching ratio, R, is defined as 
the ratio of the reduced viscosity of the ionized 
polyelectrolyte in 0.01 gdm. solution to its intrinsic 
viscosity as measured in strong acid. R is then a 
measure of the additional hydrodynamic volume of 
the partially charged molecules, and a comparison 
of R values for various structural types gives some 
information about their susceptibility to deforma­
tion. The arbitrary concentration of 0.01 gdm. was 
chosen because of the ease of measurement with the 
desired precision.

If the substitution of carboxymethyl groups on 
the polysaccharide as well as the subsequent ioni­
zation of these groups are random, the extensibility 
of the molecule, as measured by R, should depend 
only on the average number of ionic groups per glu­
cose monomer which will be designated by 7. The 
quantity 7 is obviously the product of a, the de­
gree of neutralization, and ¡3, the degree of substi­
tution. For a given structure, the average inter­
ionic distance along a polymer chain is the same for 
various samples with the same value of 7 although 
the individual values of a and /3 may differ. In ad­
dition, at constant 7 the concentration of ions in 
solution is the same. Thus, since the ionic rela­
tionships in the solution are the same, one may 
neglect the ionic effects by comparing materials 
under these conditions.
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Figures 2-5 show the stretching ratios, R, of the 
various CMP as a function of y. The degrees of 
dissociation, a, which entered into the calculations 
of y were corrected for self-ionization as determined 
by pH measurements. In the pure acid form of the 
polymer, self-ionizaticn was the sole source of 
charges, and it contributed as much as 20% at the 
lower degrees of neutralization.

It is evident from the curves of Figs. 2-5 that all 
the points corresponding to derivatives stemming 
from a single parent polymer fall on the same curve 
even though the degree of substitution of the deriva­
tives may be different. It is apparent that the ex­
tension of the molecule is determined by the size, 
shape and ionic charge of the skeleton of the mole­
cule and is not appreciably affected by the sub­
stituent — CH2COOH groups.

The data permit the comparison of the extensi­
bility of the various structures studied as a function 
of the charge (Table V). The values of the in­
trinsic viscosity listed in the table were those esti­
mated for an unsubstituted sample by extrapola­
tion of the intrinsic viscosities of the samples of 
different degrees of substitution. This value is 
characteristic of a particular polymer skeleton. To 
express the extensibility of a given structure by a 
single parameter, the value of R at 7 =  0.7 was Fig. 2.— Variation of stretching ratio with degree of charge 

amylose derivatives.

Method 
End group33

Sedimentation26

T a b l e  V
Som e  P h y sic a l  C o n st a n t s  o f  th e  C a r b o x y m e t h y l  P o ly sa c c h a r id e s

Structural
type Sample

h i
ex trap d., 

1/gdm. R m
Mol.
wt.

Linear CMHA 1 2 70 1 0 5

CMMA 3.5 14.7
Branched CMHB 8 157 1 0 7

CMMB 2 17.7
CMMD 2 16.6
CMLB 1.5 5.1 5000

Dextrans CM41 4.2 22.7 2 X 106

CM28 4.8 20.7 2 X 10s
CM512 3.4 15.3 3 X 10*

chosen, designated as Rm and so reported in the 
table.

For those derivatives for which experimental 
data at 7 =  0.7 were not available, equation 4 had 
to be used to determine the value of Rm. The ex­
perimental values of the other parameters at a con­
centration of 0.01 gdm., (/(c) =  1), were inserted, 
and that value of Rm chosen which gave the best 
agreement between the experimental and calculated 
reduced viscosities for the particular sample.

Hydrogen Ion Binding.—Table VI lists the pK  
values of all samples in solution which is 0.001 M  
in -COOH groups. The ionization constants 
increase slightly with increasing degree of substitu­
tion of the sample, but no regular shift in the con­
stant occurs between linear and branched carboxy­
methyl polysaccharides. The values of the pK  
constants were determined from pH data using 
the modified Henderson-Hasselbalch equation of 
Kern27'28

(24) B. Ingelman and M. S. Hailing, Arkiv Kemi, 1, 61 (1949).
(25) F. E. Horan, Dissertation, Columbia University, 1944.
(26) M . Wales, P. A. Marshall and S. G . Weissberg, J. Polymer Sci., 

10, 229 (1953).
(27) W. Kern, Z. physik. Chem., 181, 249 (1938).
(28) A. Katchalsky and P. Spitnik, J. Polymer >Sci.> 2, 432 (1947).

End group25 

Viscosity2 1  

Viscosity24 

Viscosity26

pH = pK + n log a/{ 1 — a) (3)

at several concentrations for each sample. The 
pK values varied linearly with the logarithm of the 
concentration, and were interpolated to permit 
comparison at one concentration. In view of the 
fact that the ionization constants are not affected 
by the structural type of the polyelectrolytes, one 
may conclude that the electrostatic interactions are 
identical in both branched and linear series, and that 
the repulsions which cause the extension of the 
polymers are likewise identical, irrespective of the 
somewhat differing spa'ial locations of the charged 
groups in the two series

Discussion
Concentration, Charge and Viscosity.—The near 

constancy of the ratios given in Table IV suggests 
that the concentration of the solution of poly­
electrolyte does not greatly influence the extension 
of the molecules caused by interionic repulsions. 
Unless other, exactly compensating factors enter, 
this conclusion is inevitable.

Such behavior can be explained in terms of a 
model of the molecules in the following manner. 
The concentration dependence of viscosity is an
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0.1 0.2 0.3 y  0.5 0.6 0.7

Fig. 3.— Variation of stretching ratio with degree of charge 
amylopectin derivatives.

Fig. 4.— Variation of stretching ratio with degree of charge 
limit dextrin derivatives.

inter-molecular effect. It is governed by the 
freedom of the individual molecules in the hydro- 
dynamic and electrostatic fields of the remainder of 
the solution, and is responsible for the observed de­
crease of the reduced viscosity with increased con­
centration . The charge dependence is intra-molecu- 
lar in character. It is the result of the changes 
in the conformation of the individual molecules 
which arise as electrostatic repulsions between the 
ionic groups of the same molecule change its shape. 
The extensions of the individual molecules are 
responsible for the observed increase in the reduced 
viscosity with an increase in the degree of charge.

Fig. 5.— Variation of stretching ratio with degree of charge 
dextran derivatives.

The existence of the inter-molecular and intra-mo- 
lecular effects has been suggested by Aten29; how­
ever their relation to measured values had not 
been established prior to the present work, nor has 
it been shown, heretofore, that there are only minor 
interactions between these two effects.

T a b l e  VI
p K  V a l u e s  o f  C a r b o x y m e t h y l  P o ly sa c c h a r id e s  a t  

— COOH C o n c e n tr a t io n  o f  0.001 M

Sample
Degree of 

substitution p K
CMLBa 0.821 4.85
CMHAa .794 4.80
CM41a .763 5.22
CMMBa .746 5.47
CM512a .690 4.88
CMHAa-2 .600 5.22
CM28a .505 4.75
CM28b .499 4.74
CMMDf .485 4.96
CM512b .467 4.49
CM41b .407 4.72
CMMAb .275 4.45
CMMDg .270 4.53
CMMBb .172 4.41
CMHAc .170 4.15
CMHAb .152 4.08
CMMDh .132 4.25

The fact that the inter-molecular interactions 
seem only slightly affected by the charges upon the 
molecules indicates that inter-molecular electro­
static interactions are small. This supports the sug­
gestion made by Schneider and Doty30 that each 
polyelectrolyte molecule, because of its counter­
ions, has a smaller effective charge than would be 
inferred from its degree of neutralization.

Structure and Viscosity.—The CM starch frac­
tions were chosen for this work because the struc­
tures of both amylose and amylopectin are known 
with considerable certainty. These materials may 
therefore serve as prototypes for linear and 
branched polymers. Larner, Illingworth, Cori and 
Cori have shown that amylopectins have a highly 
branched, tree-like structure, with branches of 
about ten glucose units.31’32 The linear structure

(29) A. H. w. Aten, Jr., J. Chem. Phys., 16, 636 (1948).
(30) N. S. Schneider and P. Doty, T his J o u r n a l , 53, 762 (1954).
(31) J. Larner, B. A. Illingworth, G. T. Cori and C. F. Cori, J. Biol. 

Chem., 199, 641 (1952).
(32) C. O. Beckmann, Ann. N. Y. Acad. Set., 57, 334 (1953).
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of amyloses was found chemically by Meyer,33 and 
has been confirmed by many physical methods. 
These substances have the further advantage of 
having identical monomer units.

The accurate knowledge of the structure of the 
starch fractions is balanced, however, by the dif­
ficulty of obtaining samples of identical molecular 
weight which are required for an accurate evalua­
tion of the influence of structure upon the stretching 
ratio. Four of the samples used here are of approx­
imately equal molecular weight. The molecular 
weights of the dextrans CM 28 and CM41 were ob­
tained from the viscosity equation of Ingelman and 
Hailing.24 The molecular weight of the amylose 
was determined by Meyer33 from an end group 
analysis. Since the two methods give different aver­
ages, the molecular weights of the samples used here 
may differ by as much as a factor of 10. The mo­
lecular weight of the amylopectin limit dextrin 
(CMMD) had to be inferred from Horan’s25 sedi­
mentation data on Lindner Starch 96, and the fact 
that /3-amylase action reduces the molecular weight 
by approximately one-half. These data suggest a 
molecular weight of the same order of magnitude 
for CMMD.

The intrinsic viscosities of these four samples 
show the expected variation with structure type, 
the linear amylose showing the highest, and the 
limit dextrin the lowest value in accordance with 
the theoretical interpretation of the intrinsic vis­
cosity as a function of molecular shape.34 The 
stretching ratios, likewise, are in accord with ex­
pectation. This is evident when one considers 
amylose and amylopectin as being composed of 
unit chains of 20 glucose residues. In the case of 
amylose these unit chains are combined end to end 
so that the extension of the whole is the sum of the 
extensions of the unit chains and results in a large 
change in axial ratio. In the case of amylopectin, 
the end of one unit chain is linked to a branch point 
located at approximately the mid-point of another 
unit chain and at some angle to the main axis of 
the chain. The extension of the whole anr/dopec- 
tin molecule is obviously no longer the sum of the 
extensions of the unit chains but much less than the 
sum; and because the unit chains will be pointing 
in many directions, it will result in a small change 
in axial ratio. In fact, the mechanism probably 
approximates more closely the swelling of a sphere.

The dextrans appear intermediate in structure, 
although determination of branch points yields a 
high value, 20% of the monomer units.35 To rec­
oncile these findings, one must postulate a struc­
ture consisting of a linear core to which short, 
highly sub-branched branches are attached. Such 
a conformation permits a large distortion of the 
axial ratio which then appears as a large stretching 
factor. The third sample of dextran, CM512, has 
fewer branch points (4% ).35 If one considers its 
lower molecular weight,26 its constants indicate 
that it too has a well defined skeletal axis. The 
data for dextran B512, therefore, serve to support

(33) K. H. Meyer, M. Wertheim and P. Bernfeld, Helv. Chim. Acta, 
23, 865 (1940); 24, 378 (1941).

(34) R. Simha, T h i s  J o u r n a l , 44, 25 (1940).
(35) Dr. L. L. Phillips, private communication.

the conclusions of the workers at the National 
Bureau of Standards36 regarding its structure.

The importance of the molecular weight in this 
work can be seen from sample CMHB which ac­
cording to the best estimates25 has a molecular 
weight of between 20 and 80 times that of the sam­
ples discussed above. As a consequence, both its 
intrinsic viscosity and maximum stretching ratio 
are larger than those of the smaller polymers, but 
the per cent, difference between the values of its 
constants and those of the amylose (CMHA) is not 
as great as the per cent, difference between the 
constants of amylose and amylopectin limit dex­
trin of approximately equal molecular weight.

A General Equation for the Viscous Behavior of 
CMP.—On the basis of the data obtained in this 
investigation, it is possible to write for the reduced 
viscosity of any CMP the equation

Vsc/r =  h ]R m  f { y ) f { c )  (4 )

where r),v/c is the reduced viscosit}^ of the polymer, 
fo] is the intrinsic viscosity of the uncharged poly­
mer measured in 0.0869 M  HC1, Rm is the previously 
defined extensibility, f(y )  is a function of the num­
ber of charges only, and /(c) is a function of the 
concentration only, and takes the form of equation
1. In equation 4 the first two variables are char­
acteristic of the particular polymer, whereas the 
latter two are identical for all the carboxymethyl 
polysaccharides investigated.

The numerical values of the functions are ob­
tained from the following considerations. Fig­
ures 2-5 show that/(y) is a quadratic function with 
a maximum at y  =  0.7. The definition of Rm re­
quires that f(y )  =  1 at the maximum. Furthermore, 
the terms in equation 4 which relate to the ex­
tension of the polyelectrolyte with charge must be­
come equal to unity when the degree of charge 
becomes zero. At the limit of y =  0, f(y )  must 
therefore be 1 /Rm. These requirements lead to
/ ( y )  =  2 .867  -  2 .0 4 7 2 -  (2 .8 6 7  -  2 .0 4 7 2 -  1 ) / /? ,„  (5 )

The best agreement for the experimentally de­
termined variation of the reduced viscosity with 
the concentration was found for

/ ( c )  =  3 .1 6 /(1  +  21 .6c 'A ) (6 )

This leads to /(c) =  1 when c =  0.01 gdm. as re­
quired by the definition of the extensibility, Rm.

The applicability of equation 4 was checked by a 
comparison of the experimental and calculated 
reduced viscosities, using equations 5 and 6, and 
the values [77] and Rm in Table V. For 140 data of 
all the polyelectrolytes used in this work, the aver­
age deviation is 11.1%. If points of low y are 
omitted (at y less than ca. 0.1, / ( y) changes most 
rapidly and y  itself is known with the least preci­
sion) the average per cent, deviation is reduced to 
8.5% for 90 points.37

The applicability of equation 4 to all data indi­
cates that in a consideration of polyelectrolyte vis-

(36) M. Wales, P. A. Marshall, S. Rothman and S. G. Weissberg, 
Ann. N. Y. Acad. Sci., 57, 353 (1953).

(37) Complete data are available in the dissertation by S. S. Winter 
from University Microfilms, Ann Arbor, Mich.
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cosities the following factors are of paramount im­
portance: (1) the structure of the polymer and its 
extensibility, (2) its concentration in solution, and
(3) intra-molecular electrostatic interaction.
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EQUILIBRIUM AND KINETICS OF DETERG ENT ADSORPTION-  
A GENERALIZED EQUILIBRATION THEORY
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As a result of the study of the adsorption of detergents a new theory of detergent action is proposed which postulates that 
in addition to the usual stabilizing of dirt in the solvent by micelle formation, adsorption of detergent on the fabric surface 
weakens the bond of dirt to fabric and so speeds up the dissolution of such bonds. The peculiar break and the maximum 
in the adsorption versus concentration curves are shown to arise from the anomalous properties of the solution rather than 
from peculiarities of the adsorbate-surface system. The rates of adsorption and desorption of detergent are found to follow 
a very simple non-linear reduced equation which has general applicability to condensed systems approaching equilibrium. 
Irreversible thermodynamics suffices to represent only the final part of this equilibration process which is, how ever, readily 
formulated in terms of reaction rate theory.

Introduction
It is a widely accepted opinion that in the mech­

anism of detergent action, adsorption plays an im­
portant role. However, no clear mechanism sup­
ported by experimental evidence has been devel­
oped and no simple relation between detergency 
and adsorption is as yet established.

An interesting study recently was carried out by 
Meader and Fries2 who investigated in detail the 
adsorption on cotton and wool of a sodium alkyl- 
aryl-sulfonate and of potassium palmitate. In their 
article reference is also made to other papers con­
cerned with adsorption of detergents on textile 
fibers. A few other papers have appeared in the 
meantime.3 The adsorption of detergents on sur­
faces other than textile fibers has also been studied. 
Activated carbon,4 latex particles,6 polystyrene,4“ 
bacteria,6 sand,7 cassiterite,8 and metals,9 were also 
used as adsorbents. The adsorption of detergents 
at liquid/liquid and liquid/gas interfaces has been 
also widely investigated, often by means of inter­
facial tension,10 or more recently by means of a

(1) We wish to thank the Foreign Operation Administration and 
the National Academy of Sciences for a fellowship and the Purex 
Corporation for financial support.

(2) A. L. Meader and B. A. Fries, Ind. Eng. Chem., 44, 1636 (1952).
(3) (a) L. IT. Flett, L. F. IToyt and J. E. Walter, ,/. Am. Oil Chem­

ists' Soc., 32, 166 (19.54); (b) L. H. Flett and L. I'. Hoyt, Am. Dye­
stuff Reptr. 43, Proc. Am. Assoc. Textile Chemists Colorists, p. 335 
(1954).

(4) (a) M. L. Corrin, E. L. Lind, A. Roginsky and W. D. Harkins,
J. Colloid Sci., 4. 485 (1949); (b) A. S. Weatherburn, G. R. F. Rose 
and C. H. Bagley, Can. J. Research, 27F, 179 (1949); (c) R. Cavier, 
Compt. rend., 216, 255 (1943).

(5) E. A. Willson, J. R. Miller and E. H. Rowe, T his J o u r n a l , 53, 
357 (1949).

(6) A. E. Alexander and A. I. McMullen, “ Surface Chemistry 
(Special Supplement to Research),”  Butterworths, London, 1949, p. 
309.

(7) Lun Hsiao and H. N. Dunning, T his  J o u r n a l , 59, 362 (1955).
(8) G .  R. Edwards and W. E. Ewers, Australian J. Sci. Research, 

A4, 627 (1951).
(9) G. A. Wolstenholme and J. H. Shulmann, Trans. Faraday Soc., 

46, 489 (1950).
(10) (a) C. P. Roe and P. D. Brass, J. Am. Chem. Soc., 76, 4703

(1954); (b) E. G. Cockbain, Trans. Faraday Soc., 50, 874 (1954);
(c) B. A. Pethica, ibid., 50, 413 (1954).

clever technique introduced by Dixon, Weith, Ar- 
gyle and Salley.11

Despite the considerable amount of work done, 
very little attention has been paid to the kinetic 
aspect of the problem. Actually the only kinetic 
data are those of Wolstenholme and Shulmann,9 
and those concerning the so-called time effect in 
surface tension.12 The present study deals with 
adsorption of detergents from the point of view of 
equilibrium, and of rates of adsorption and desorp­
tion. Most of the experimental data were taken 
using cotton as adsorbent. Some results concern­
ing metals, particularly nickel and lead were also 
obtained. The technique used to detect adsorp­
tion has been a radiochemical one. The procedure 
introduced by Meader and Fries was used through­
out this work. Because of its sensitivity this tech­
nique permits the measure of the adsorption di­
rectly. This makes the measurements fairly accu­
rate even at the large concentrations where indirect 
methods become impractical.

Experimental
Materials.— Sodium dodecylbenzene sulfonate (DBSNa) 

was employed as the detergent. S36 was used for labelling 
purposes. To a solution of H2S350 4 carrier free (obtained 
from Oak Ridge) about 1 mg. of Na2S04 was added and the 
solution evaporated to dryness in a centrifuge tube. This 
highly radioactive Na2S04 is now diluted to a proper level 
by adding sulfuric acid with a content of about 15% of 
free SO3. This is then used to sulfonate the hydrocarbon. 
The sulfonation is carried out at 0°. The temperature is 
then gradually raised and finally held for one hour at 60°. 
Thereafter an amount of alcoholic NaOH just insufficient to 
neutralize it is added to the mixture. Sodium bicarbonate 
is next added and the slurry stirred until no more CCD is 
evolved. The slurry is centrifuged and the alcoholic solu­
tion yields the sulfonate on evaporation. To eliminate

(11) (a) J. K. Dixon, A. J. Weith, A. A. Argyle and D. J. Salley,
Nature, 163, 845 (1949); (b) G. Aniansson and O. Lamm, ibid., 165, 
357 (1950); (c) G. Aniansson, T his J o u r n a l , 55, 1286 (1951); (d) 
R. Loos, Medel. Konickl. Vlaam. Acad. Wetenschap. Belg. Klasse 
Vetenschap, 13, 3 (1951); (e) G. Nielsson and O. Lamm, Acta Chem. 
Scand., 6, 1175 (1952); (f) R. Ruyssen, Bull. soc. chim. Beiges, 62,
97 (1953).

(12) G. C. Nutting, F. A. Long and W. D. Harkins J. Am. Chem. 
Soc., 62, 1496 (1940).



July, 195(1 E q u i l i b r i u m  a n d  K i n e t i c s  o f  D e t e r g e n t  A d s o r p t i o n 891

traces of radioactive sulfate, the sulfonate is now dissolved 
in a few drops of water and sodium sulfate is added. The 
solution is then diluted with a large excess of alcohol, and 
the sodium sulfate centrifuged. The solution is finally- 
evaporated and the product is dried in vacuo at 90°. This 
last operation is intended to eliminate traces of unreacted 
hydrocarbon. The purity of the product was tested by 
running a series of measurements of surface tension at vari­
ous concentrations of the detergent. Surface tension was 
measured by the ring method. As shown in Fig. 3, no 
minimum in surface tension was found.13 The final product 
weighed 232 mg., with a total activity of 4 me. In our con­
dition of counting, this activity permitted the detection of 
an amount of detergent as low as 10~8 g. A thin mica 
window Geiger-Mueller counter was used. Most of our 
measurements were made on cotton cloth. “ Indian Head”  
cotton was employed and pretreated as follows.

A single piece of cotton was washed several times in hot 
distilled water and dried at room temperature in the air. 
From this piece of cloth, the different samples were cut. 
These were dried in an evacuated vessel at room temperature 
for 5 minutes before the counting operation. The loss of 
bound water in such a shert time was considered negligible 
since the vacuum was not better than a few mm. In any 
case, the drying time was che same for all samples.

The value of the correction to be applied to the measured 
value of the radioactivity varies according to the concen­
tration of the solution from about 5%  for the most dilute 
to about 50% for the most concentrated solutions.

Procedure.— In the case of cotton the adsorption is meas­
ured on samples of cloth of about 2 cm.2 of apparent area. 
The activity of the solutions was measured by pipetting a 
known volume onto a circular support, one inch in diameter, 
evaporating the solvent ar_d counting. The volumes of the 
solution were always chosen in order to contain between 0.01 
and 0.1 mg. of solute. With such a tiny amount spread on 
about 4 cm .2 of area, no correction for self-adsorption was 
necessary. The correction made for the radioactivity ab­
sorbed by the cloth was a purely empirical one. On one of 
the cotton samples, which were about 2 cm.2 in area, a 
known volume (~ 0 .05  cc.) of a solution of known radioac­
tivity was placed in such a way that it was absorbed by the 
cloth. The cloth was then dried. A few drops of water 
were next added to the cloth in order to better distribute the 
solute, after which the cloth was dried a second time. This 
last addition of water and drying was repeated, and finally 
the sample was counted for radioactivity. Since the amount 
of solution put on the cloth was known, as well as the total 
radioactivity, the fraction of radioactivity adsorbed by the 
fibers is easily evaluated. By repeating this procedure 
several times with different samples and with different 
amounts of radioactivity, it was found that absorption by 
the cloth reduced the radioactivity by a factor of between 2.6 
and 3.0. Actually the average of many experiments gave 
2.8, and this number was used in all experiments. Thus, in 
order to obtain the true radioactivity of a sample in the ad­
sorption experiments, the measured activity was multiplied 
by 2.8. No further correction for self-absorption was neces­
sary. Consider, for instance, the case in which the maxi­
mum of radioactive material was absorbed (Fig. 1, curve II). 
The amount adsorbed was 140 X 10-7 mole/g. of cotton. 
Since the molecular weight is about 300 and the cotton 
sample weighed 30 mg., the amount adsorbed was calculated 
as 140 X 10“ 7 X 300 X 30 X  10~3 =  1.3 X  10“ 4 g. With 
such a small amount uniformly distributed over the surface 
of the cotton, no correction for self-absorption need be made.

To the measured activity a correction must be made to 
account for the amount cf solution still held by the cloth 
after blotting. This amount is determined by weighing the 
sample wet and dry. In case of metals no correction is neces­
sary, the amount adsorbed being usually so small that self­
absorption of the /3-rays can be neglected.

In rate experiments the volume of solution used was al­
ways such that the amount actually adsorbed by the sample 
was negligible compared with the total amount present and 
therefore the concentration of the solution remained prac­
tically constant throughout the experiment. Analogously 
in desorption experiments the water was continuously re­
newed so that the concentration of detergent in solution was 
always very close to zero. The concentration of the various 
solutions used was determined by measuring the activity of

(13) G. D . Miles and L. Shedlovsky, T h is  J o u r n a l , 48, .57 (1944).

a known volume of solution. A reference standard was 
prepared by weight.

In order to obtain more consistent results each adsorption 
isotherm was determined using one sample, with the follow­
ing procedure: the sample is put in the solution of lowest 
concentration and left there for 6 hours.14 After being 
blotted and dried, the sample is counted to determine the 
radioactivity. The same sample is then used with the same 
procedure for all the successively more concentrated solu­
tions .

Also in rate experiments one sample was used for each 
adsorption or desorption curve. In fact the use of a dif­
ferent sample for each point introduces such scattering that 
it becomes very difficult to handle the data, unless one de­
termines a much larger number of points.

Results
Adsorption isotherms for cotton were determined 

in the range 1.5 X 10~6 to 6.0 X  10-3 mole/1. A 
typical curve is shown in Fig. 1. Two distinct fea­
tures characterize the isotherm, (1) a sudden in­
crease in adsorption at a concentration of about 1 X 
10~3 (point A ); (2) a maximum in adsorption at 
about 3.0 X 10~3. These features are common to 
all isotherms we determined. The concentrations 
corresponding to these characteristic points remain 
sensibly the same at different temperatures (Fig. 1, 
curve II), only the amount adsorbed is higher at 
lowrer temperature.

EQUILIBRIUM CONCENTRATION m /I IO3
Fig. 1.—Adsorption isotherms of DBSNa on cotton.

The effect of the concentration of H + ions is 
shown in Fig. 2. The increase in adsorption in the 
HC1 solution and the decrease in the NaOH solu­
tion with respect to a neutral solution of the same 
concentration in electrolytes, points out that the 
hydrogen ions play an important role in the ad­
sorption process. Figure 2 shows also that the 
increase in adsorption is accompanied by a shift of 
the maximum toward lower concentrations.

It is interesting to correlate the adsorption iso­
therm with the formation of aggregates in solution, 
i.e., with the critical micelle concentration (cmc.). 
We determined the cmc. with the dye method using

(14) A 6-hour period is long enough to practically reach an equilib­
rium condition at all temperatures and concentrations.
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Fig. 2.— Adsorption isotherms of DBSNa on cotton at 30°.

pynacyanole in a set of experiments and Rhoda- 
mine 6G in another. Both dyes located the cmc. for 
the pure soap in the range 2.5 X  10-3 to 3.0 X 
10-3, about at the maximum of the isotherm. How­
ever the determination of the surface tension of the 
soap solutions as a function of concentration (Fig. 
3) showed that a constant value of the surface ten-

Fig. 3.—Variation of surface tension with concentration.

si on is reached at about 1.0 X  10-3 corresponding 
to the first break in the isotherm. It is generally 
agreed (see for instance ref. 10a) that the concentra­
tion at which the surface tension no longer varies 
corresponds to the cmc. It is not very surprising 
that two different methods give somewhat different 
values of the cmc. Here however the disagreement 
seems to be larger than is usually found.

The difference in the amount adsorbed at dif­
ferent temperatures permits us to calculate the 
heat of adsorption. We calculated AH in the con­
ventional way from two pairs of isotherms, obtain­
ing 1700 and 1100 cal., respectively. The last 
figure is obtained from the two isotherms repro­
duced in the paper. We believe these values are 
less reliable than the 800 cal. obtained by the 
method described below. Because of the peculiar 
form of the isotherm, it seemed more nearly cor­
rect to determine the heat of adsorption from the 
ratio of the amount adsorbed by a given sample at 
two different temperatures. In practice this anal­
ysis was carried out as follows. Adsorption is

allowed to take place on a sample at the higher of 
two temperatures at a given concentration. After 
the adsorption has been measured, the same sample 
is placed again in the same solution but at a lower 
temperature. The heat of adsorption is then cal­
culated from the ratio of the amounts adsorbed at 
the two temperatures. The results of this analysis 
are shown in Table I. It can be seen the AHa var­
ies widely from experiment to experiment, but 
since its absolute value is very small (0.8 kcal.), 
these variations are probably due to experimental 
error. Anyway, no definite variation of AH& with 
coverage before and after point A (Fig. 1) is appar­
ent. This fact justifies the procedure used in de­
termining AHa.

T a b l e  I
Adsorption of DBSNa on  Cotton a t  38 a n d  2°

Concn.,
mole/1.

Amount ads. (mole/g.) X 107 
38° 2°

AH.,cal.
5.6 X 10“ 4 16.30 19.75 848
6.02 18.25 21.90 807
7.63 17.7 21.45 850
1.14 X 10“ 3 28.8 31.3 368
1.45 34.7 41.9 840
2.16 62.2 69.7 509
3.13 62.1 70.0 532
4.28 53.6 57.5 306
5.17 42.8 52.2 880
5.60 28.3 42.9 1840

Av. 778

Adsorption Isotherms on Nickel and Lead.—
Several metals were tested for adsorption. For 
some (silver, copper) the amount adsorbed was very 
small and for practical purposes undetectable with 
our method. For others (zinc, tin, aluminum) it 
was evident that corrosion took place. For lead, 
and particularly for nickel the adsorption was meas­
urable and yet corrosion wasnot evidentfromavisual 
examination of the surface. Coleman and Bell 
nickel foil, and Fisher Reagent lead foil were used 
in a series of experiments. Since no particular pre­
cautions were taken to exclude air from the deter­
gent solution nor to prepare a bare surface, these 
results must not be considered as giving a precise 
measure of the adsorption. The data obtained 
with lead were not very reproducible; nickel on the 
contrary showed good reproducibility. The samples 
were prepared for the adsorption experiments, 
cleaning them as follows:

Nickel was successively washed in hot alcohol, in 
water, in 0.1 A  HC1 and finally in water again. 
After the last rinsing the samples were blotted and 
immediately used for the adsorption experiments. 
For lead the same procedure was followed with 
acetic acid instead of hydrochloric.

A preliminary study of the rate at which adsorp­
tion on these metals takes place showed that the 
adsorption is immeasurably fast. However if the 
sample is left in the solution a long time, more de­
tergent is adsorbed. This second step is very 
slow. Moreover, the adsorption seems not to reach 
an equilibrium value but increases steadily. It 
is very likely that only the first part of this proc­
ess represents adsorption, whereas the second is 
merely a corrosion phenomenon.
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In view of these considerations, the sample was 
left in solution 5 minutes to determine the adsorp­
tion isotherm. This time is long enough to be sure 
that the first fast process takes place and yet so 
short that the slow one would not critically inter­
fere. The isotherm obtained with nickel is shown 
in Fig. 4. A striking resemblance of this curve

Equilibrium Concentrotion (m o l/l) - l0 3 

Fig. 4.— Adsorption isotherm of DBSNa on nickel.

with those obtained with cotton is apparent. Both 
the characteristic points are present and the con­
centrations corresponding to them are practically 
the same as for cottcn. With lead substantially 
analogous results were obtained. Reproducibility 
however was too poor to draw definite conclusions.

Rate of Adsorption and Desorption (Cotton).—  
Figure 5 shows how the amount adsorbed varies

Fig. 5.— Adsorption of DBSNa on cotton at 29.5°: curve A, 
2.98 X  10-4 mole/1.; curve B, 5.6 X  10

with time for two different concentrations. Since 
it proved difficult to fit these data in a simple pre­
dictable kinetic equation, an attempt was made 
to simplify the problem, studying first how the 
detergent concentration affects the rate. For this 
purpose the initial rate, extrapolated graphically, 
was measured for a number of solutions in the 
range of concentration 5 X  10~5 to 3.0 X  10~3. 
The results of these experiments are collected in 
Fig. 6. At very low concentrations the initial rate 
varies almost linearly with the concentration in 
solution (actually the measured order is 0.8) until at 
about 9.0 X  10-4 a sudden rise in the initial rate is 
observed. Gradually the slope of the curve de­
creases and the rate becomes practically constant 
at a concentration of about 2.0 X  10-3. At con­
centrations above 3 X  10-3 the measure of the ini­
tial rate becomes very inaccurate because the cor­
rection for the “ liquid holdup”  becomes more and

Fig. 6.— Initial adsorption rate of DBSNa on cotton vs 
concentration.

more important. Consequently we cannot be sure 
as to whether above this concentration the rate re­
mains constant, decreases or even increases a little.

These results instead of clarifying the problem 
obscure it. However from the many experiments 
carried out at different concentrations a very im­
portant and unexpected result came to light. The 
rate of adsorption for all the experiments may be 
represented by the same reduced curve provided 
that, instead of the amount adsorbed, the ratio (p) 
of it to the amount that will be adsorbed at equilib­
rium is plotted against time. This behavior is 
exemplified in Fig. 7 where the points of Fig. 5 are

Fig. 7.— Adsorption of DBSNa on cotton at 29.5°.
replotted in this fashion. The solid curve is drawn 
from the average of 13 different experiments in 
which the amount adsorbed at equilibrium varied 
from 3.55 X 10-7 to 77 X 10~7 mole/g. The con­
clusion is that whatever kinetic equation represents 
the adsorption with time, it is a reduced equation.

Before trying to analyze more closely these data 
it is helpful to investigate the desorption.15 The 
curve giving the amount still remaining on the sur­
face versus the time is one which reaches zero 
asymptotically. When a number of desorption 
curves, corresponding to different amounts initially 
adsorbed, are analyzed, a most interesting result is 
found. If the ratio of the amount adsorbed at 
time t to the amount initially adsorbed is plotted 
against time, all the desorption experiments may 
be expressed by the same reduced curve (Fig. 8). 
Thus in desorption it is again a reduced equation 
that holds.

Since a reduced equation holds both in adsorp­
tion and desorption, it might be deduced that both

(15) The desorption experiments are in fact more simple and 
accurate than those of adsorption because, except for the value at the 
time zero, no corrections for liquid holdup are necessary. This cir­
cumstance makes the adsorption experiments very inaccurate in the 
region where <p >  0.8.
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Fig. 8 .— Desorption of DBSNa from cotton at 29.5°.

processes are first order. However the integrated 
form of a first-order kinetic law is completely inap­
plicable. A careful analysis of all the data estab­
lishes the fact that the following kinetic equation 
applies both in adsorption and desorption

— =  2k V  sinh lup ( 1)

where <p is defined as distance from equilibrium over 
initial distance from equilibrium, in these cases 
measured in terms of concentrations. Thus

in which a , ,  a ,  a ;  are the amounts adsorbed at the 
times zero, t  and » , respectively. The agreement 
between experiment and an equation of this type is 
shown in Figs. 8, 9 and 10. It is remarkable that

Fig. 9.— Adsorption rate of DBSNa on cotton at 3°.

e x a c t l y  t h e  s a m e  e q u a t i o n  expresses both the data 
for adsorption and desorption, t h e  c o n s t a n t  b  h a v i i i g  

t h e  s a m e  n u m e r i c a l  v a l u e  (1.26). Only the constant 
k' differs in adsorption and desorption. Moreover, 
a study of adsorption and desorption at different 
temperatures shows that the constant b  is tempera­
ture independent. The two constants k' are tem­
perature dependent. They are the true rate con­
stants for adsorption and desorption, respectively, 
at ip =  0. From the values of these constants at 
different temperatures the heat of activation for

Fig. 10.— Desorption rate of DBSNa from cotton at 29.5°.

adsorption (AH*) and for desorption (AH f)  may 
be obtained. The following values were found
k ' 3o = 3.35 X  10 3 sec. k ' 29.5o = 4.65 X  10” 3see. _1
k " 2» =  7.37 X  1 0 -“ sec. ” 1 /c"29.6o =  1.17 X lO ^ se c . ” 1
We have used a double prime for desorption.

From these values one obtains: AH *  =  2075 
cal., and AH f  =  2720 cal. The difference gives 
AH *  =  645 cal. From the equilibrium values (see 
Table I) we obtained 778 cal. Considering the 
smallness of these numbers the agreement must be 
considered good.

Applying the absolute reaction rate theory we 
can calculate the entropies of activation for adsorp­
tion and desorption. The resulting values are: 
AS* =  -6 2 .3  e.u., AS ?  =  -6 2 .9  e.u. Therefore, 
at all temperatures the specific rate constants have 
the values

, . k T ( 62.3>, ( 2075\
* = T exp ^

R  )1 exp
R T  )

, „ k T ( 63.9\ ( 2,730 \
k “ T exp ^

R  )
exp

R T  )

Discussion
Adsorption Isotherms.—Among all the investi­

gators who have studied the adsorption of deter­
gents, only two groups have fully recognized the 
features characterizing the isotherm of adsorption: 
Corrin, Lind, Roginsky and Harkins41 for ad­
sorption of dodecyl sulfate on ashless graphite, 
and Meader and Fries2 for adsorption of an alkyl- 
aryl-sulfonate on cotton. Both these groups de­
termined the cmc. with the dye method16 and 
found a value corresponding to the first kink (A 
in our Fig. 1). We have already mentioned that 
using the same method we found the cmc. to 
correspond with the maximum, whereas surface 
tension measurement gave the cmc. at A. We 
do not know how to explain this disagreement, and 
we will suppose that actually the concentration 
corresponding to point A is the value at which ag­
gregates start to form in solution.

A complete interpretation of the adsorption iso­
therm is not easy. The rise in adsorption at A

(16) (a) M. L. Corrin, H. B. Klevens and W. D. Harkins, J. Chein. 
Phys., 14, 480 (1946); (b) M. L. Corrin and W. D. Harkins, J. Am. 
Chem. Soc., 69, 679 (1947).
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could be due either to a phase transition of the 
adsorbate or multilayer adsorption, or be related 
in some way to the formation of aggregates. The 
first two possibilities seem improbable for the fol­
lowing reasons: (a) Surface area: although
we did not measure it, the values given in the 
literature17 for surface area of cotton as deter­
mined by adsorption of polar substances lie be­
tween 0.9 to 2.3 X  106 cm.2/g . Since the amount 
adsorbed at A is about 30 X 10 ~7 mole/g. it means 
that each molecule occupies about 9 X 103 A 2. It 
is therefore hard to believe that on such a sparsely 
covered surface a phase transformation or multi­
layer adsorption can take place, (b) Tempera­
ture effect: temperature has no effect in shifting 
the characteristic point, as would be expected if 
a phase transition were involved. On the other 
hand it is an experimental fact that micelle forma­
tion is but little affected by temperature, (c) 
The characteristic point happens to be at the same 
concentration for both cotton and nickel. This 
shows that the cause for it lies in the solution and 
not in the nature of the surface, (d) Rate of 
adsorption and desorption: if the adsorption
below A represents the formation of one phase (or 
layer) and above A of another phase (or layer) we 
should observe different specific rates of adsorp­
tion and desorption according to whether the final 
(or initial) value lies below or above A (see Fig.
1). (e) The initial rate of adsorption: we saw
(Fig. 6) that at the same concentration at which the 
isotherm shows a kink the initial rate rises sud­
denly. Since by definition the initial rate is the 
rate on a bare surface it is evident that the rise is 
due to an increase of activity of adsorbable species 
in the solution.

From the above considerations we must reject 
the idea that a phase transformation or multilayer 
adsorption is responsible for the kink at A, and ad­
mit it is related to the formation of aggregates in 
solution. In order to explain this point Meader and 
Fries2 postulated that the adsorption of micelles oc­
cur from this concentration. If this simple hy­
pothesis were to account for the break at A, it is 
hard to visualize how, when the concentration in­
creases and the number of micelles consequently in­
creases, the amount adsorbed decreases. Meader 
and Fries suggest tha~ “ at higher concentrations 
the adsorption of micelles begins to level off, while 
the adsorption of single ions may be expected to 
decrease somewhat. Consequently the total amount 
reaches a maximum.”  It seems to us that if mi­
celles as such are adsorbable, no decrease in adsorp­
tion can be expected if the number of micelles con­
tinuously increases. One way to overcome this dif­
ficulty is to consider the possibility of the existence 
of a range of aggregates and admit that only the 
smallest of these aggregates are capable of being 
adsorbed.

The process of building up aggregates cannot be 
an abrupt one. If in a detergent solution there 
exist, in equilibrium with the monomer, micelles 
containing n single anions, all the series of interme­
diates containing from n — 1 to 2 ions must neces­
sarily be present. Since, because of electroneutral-

(17) A. J. Stamm and M. A. Millet, T h is  Jo u r n a l , 45, 43 (1941).

ity the adsorbate must be neutral, it is understand­
able that the smallest aggregates are more easily 
adsorbed than the larger ones. This statement may 
be supported from the consideration of the fac­
tors determining the equilibrium between an aggre­
gate and the single ions: (a) the decrease in free 
energy due to the decrease of interface water/hy- 
drocarbon chains (b) molecular motion, (c) ionic 
repulsion. Of these factors, (a) tends to stabilize 
the aggregate, (b) and (c) tend to destroy it. Of the 
latter two, (b) may be considered only of secondary 
importance. In fact temperature is known to be of 
little effect on micelle formation and that means 
tha.t the energies involved in the formation of these 
aggregates are small, (a) and (c) are therefore the 
tendencies whose balance determines the size and 
the charge of the aggregate. In fact for a very small 
aggregate, the decrease in free energy per ion is very 
small, and therefore the aggregate may stay to­
gether only if the charge is very small. Hence at 
equilibrium the smallest aggregate must have the 
lowest charge (above unity). The net consequence 
of this will probably be a scarcity of these aggre­
gates, but at concentrations just above the cmc., 
when the larger aggregates are not yet present, they 
are the only aggregates in solution. If we postu­
late that besides the monomer, these small aggre­
gates are adsorbable on the surface, the sudden rise 
in the adsorption isotherm as well as in the initial 
rate of adsorption can be explained. If the ad­
sorbed radioactive species is any derivative of 
DBSNa, say the acid, then it might eventually de­
crease in activity with increasing DBSNa because 
of hydrolysis accompanying micelle formation thus 
accounting for the maximum in the adsorption. 
An impurity more tightly adsorbed than DBSH 
seems ruled out experimentally as an explanation of 
the maximum. The competitive adsorption of a 
hydrolysis product such as NaOH may also play a 
role.

Yet another difficulty must be considered. If it 
is true that small aggregates are adsorbable as such, 
in the desorption process we should be able to find 
differences in the specific rate according as the ini­
tial adsorption is larger or smaller than A (see 
Fig. 1). The experiments, however, show that no 
difference is detectable, so that one kind only of 
adsorbate seems to be present. Therefore, if we 
have to maintain the idea of the adsorption of 
small aggregates we must admit that, once on the 
surface these small aggregates dissociate into single 
molecules so that the final adsorbate is distributed 
over the surface in the same way whether the mole­
cule arrived on the surface alone or as an aggregate.

Effect of Hydrogen Ions.—We have seen (Fig. 2) 
that an increase in the concentration of hydrogen 
ions, causes an increase in adsorption. This could 
be due to: (a) increase in the activity of the
adsorbable species, (b) formation of a new adsorb­
able species in considerable amount, (c) modifica­
tion of the surface which results in an increase of 
available sites. Point (b) may be ruled out on the 
basis of desorption experiments which showed no 
difference in the specific rate between samples that 
were adsorbed in acid media and samples adsorbed 
in neutral media. We should therefore conclude
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that the adsorbate is the acid soap. However, a 
simple application of the mass law shows that the 
increase in adsorption from pH 7 to pH 2 is too small 
to be accounted for by the relative increase of acid 
soap. A possible explanation could be found, as­
suming that the acidity affects not only the equilib­
rium between soap anions and acid soap, but also a 
dissociation equilibrium taking place on the cellu­
lose surface such as: C-OH C -0 ~  . . . H+ and 
assuming that only the “ dissociated”  sites are suit­
able for adsorption. Obviously the number of 
these sites is a function of the acidity, and their 
number decreases with increasing [H+]. The com­
bined effects of the increase of the acid soap con­
centration and the decrease of the number of 
available sites, both caused by an increase in [H+], 
could result in a relatively small increase of the to­
tal amount adsorbed.

We realize that this explanation of the hydrogen 
ion effect is only a tentative one, and much more 
quantitative data should be taken in order to 
draw more definite conclusions.

Rate of Adsorption and Desorption—Equilibra­
tion Theory.— In discussing systems far removed 
from equilibrium, one can usually neglect the back 
reaction. This is, however, no longer true as

REACTION COORDINATE.
Fig. 11.

equilibrium is approached. If we discuss (Fig. 
11) the passage to equilibrium across a single 
barrier of some system we can write

— =  CikieWllkT — Cik2e~ŵ kT (3)

Here we have subtracted the back reaction from 
the forward reaction to get the net rate of the ap­
proach to equilibrium. In (3) (vh +  w2) is the total 
irreversible work degraded per unit reacting. The 
concentrations ci and c2 on the right side of (3) 
would be replaced by the appropriate products of 
concentrations for multimolecular reactions. From 
the principle of detailed balance we must have

Cjki =  Ciki (4)

since upon the vanishing of the irreversible work 
(wi +  w2) we must have — dcJAt =  0. It follows 
that (3) can be rewritten as

~ I t  =  Clkl(-e'°'"‘T ~  e ^ lkT) (5)

It is important to notice that even when the reac­
tion passes through a sequence of intermediate 
states rather than over a single barrier an equation 
of the form (5) is to be anticipated.18

Suppose the standard free energy change in pass­
ing from the initial to the activated state is A F / 
and that A F / depends on a set of parameters which 
have the values qi) q2) . . .  . at equilibrium, but that 
a constraint is applied which changes these parame­
ters to qi +  5qh q2 +  5q2-------- . Then

Hence ki =  kIcT/h exp( —AF^/kT) and W\ =  
(dAF^/dqi)Sqi +  (dAF^/d^)«*^* . . . plus higher 
order terms in the Fourier expansion. Analogously 
we write

w2 à  A F 4= 
àgi Sq’ i +

à A F 4= 
àq2 Sq’i +  . . .

where for a symmetrical barrier
5q\ =  &qh dq’i =  dq2, etc.

Now if the constraint applied is measured by the 
divergence y from equilibrium of some property 
such as the concentration, the shear stress, or the 
viscosity, we can write

Wt = w2 = Z bA Fjt ôçi 
V òqi òy

j ÒA F  òq2
àq2 òy +  . . ) y =  ay

and (5) becomes
de
di

Ciki (eaylkT — e~aylkT) ( 6 )

Now if the concentration Ci of systems which can 
relax is proportional to the stress y, we write Ci =  ly 
which leads to the result

-  J  =  y k f  sink ( f T )  (7)

Equation 7 is still not a reduced equation as is re­
quired in the experiments here reported on the ad­
sorption and desorption of dodecylbenzene sulfonate 
on cotton cloth. The quantity ay/kT is dimen­
sionless and the virial theorem19 provides an alter­
native way of expressing twice the kinetic energy, 
kT, of an oscillator. If, as in the usual case, we 
start with the identity d/ci t  (mxx) =  mxx +  mx2 
and integrate both sides over a long period of time 
from t =  0 to t , we obtain by taking averages, the 
result
f t  d . f t  —  ------

J t o eft =  J t - o ' m£x +  in i2) di =  {m xx +  m x2)t

j  \{mxx)t — (mxx)oi =  m xx +  m x2

Now as t becomes long the quantity on the left ap­
proaches zero and we obtain the usual virial expres­
sion

0 =  mxx +  mx2 =  X x  +  m x2

(18) See equation 15 of the paper by R. B. Parlin and H. Eyring, 
“ Ion Transport Across Membranes/’ Academic Press, Inc., New York, 
N. Y., 1954, p. 103.

(19) H. Eyring and T. Ree, Proc. Nat. Acad. Sci., U. S., 41, 118 
(1955).
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Here X x  is the product of the mean force acting on 
a system times the mean positional coordinate x 
and mx2 is twice the mean kinetic energy per oscil­
lator and has the value kT. If as an example we 
use the virial theorem to discuss ay/kT in (7) where 
the constraint y is the shear stress/, then ax has the 
value A2X3X//2, and in the virial expression X  =  
/oX2X3 where fo is the local stress on the flow unit, 
X2X3 is the area of the flow unit in the shear plane 
and X is the distance jumped. The length x is then 
the free length of the vibrating flow unit in the direc­
tion of flow and has the value x =  g\ where X prob­
ably approximates a lattice distance in this direc­
tion. The quantity g should then be approximately 
the velocity of sound in the gas phase divided by its 
velocity in the phase in question. The virial 
theorem thus yields the result

and
—fo\ì\3g\ +  kT =  0

a)J_ _  XjXA/ _  _f_ 
k T  2X2X3X9f  2gfo

In certain cases / 0 can be identified with the initial 
largest constraint whence f/fo =  <p is the fractional 
approach toward equilibrium. Thus if we substi­
tute ay/kT — b<p in (7) it will be seen to take the 
familiar form

— —j = 2k'<p sinh hip (8)

which describes accurately the data on adsorption 
and desorption of detergents and apparently has 
quite general validity.20

The kinetics of unimolecular processes in the 
condensed phase has been treated recently by 
Eley21 who deduced an equation for a unimolecular 
process which, as a result of molecular interaction, 
possesses a free energy of activation that increases 
during the course of the reaction. He showed how 
certain data on elastic, magnetic and volume creep 
in solids, and adsorption and desorption processes fit 
the equation. Eley’s treatment considers a reac­
tion in which the concentration of a single reactant 
varies under the action of a driving force from a 
value c ( t )  to c(°°). If x  = c ( t ) — c(°°), then the 
first-order equation is

-  J  =  k'x  (9)

where
bf

W =  ^ e x p  ( - A F */ R T )  (10)

The hypothesis is then made that: AE* = A E j — 
y x .

It is clear that k' has the value given by (10) 
only if c( oo) is zero, that is only if the back reaction 
is so slow that it can actually be neglected. There­
fore a process may be adequately described by 
Eley’s equation only in the range in which the back 
reaction is negligible with respect to the forward 
one.

We have carried out an analysis of some of the 
data treated by Eley and we have found that in all 
the cases for which the Eley treatment is satisfac-

(20) T. Ree, A. Fava, I. Higuclii and H. Eyring, to be published.
(21) D. D. Eley, Trans. Faraday Soc., 49 , 643 (1953).

tory, the argument of the exponential is so large 
that our equation and Eley’s practically coincide 
even for fairly small values of <p. In these instances 
in order to test the equations it should be necessary 
to study the rate in a region very close to equilib­
rium where unfortunately the relative errors are 
very large and where there is also a lack of experi­
mental data. We therefore must expect that our 
equation applies also in those cases in which the 
argument of the exponential is fairly small even for 
relatively large value of tp, that is, in a region where 
the experimental errors are still relatively small. 
This is the case for the experiments described by 
Berger22 on the variation of the index of refraction 
during the annealing of glass, for which Eley’s 
equation was inapplicable. In this instance the 
constant b of equation 8 has the value 1.2; it is 
therefore small enough for e*** to be significant 
even for larger value of <p. The Fig. 12 shows the

Fig. 12.— Rate of variation of index of refraction.

agreement of the experimental data with the value 
calculated from equation 8 using the parameters: 
k' =  3.8 X 10~3 and b =  1.2.

Cagle and Eyring23 considered the applicability of 
(7) for the annealing of glass, in which case the con­
stant a/kT is so small that the hyperbolic sine may 
be expanded in the following way

Ay k ’a „
-  di ~  kT y

Another case hi which the equation 7 has been 
shown applicable is given by the variation of vis­
cosity with time.20 Moreover the complete equa­
tion 8 was shown24 to apply to the stress relaxation 
of polyisobutylenes.

Returning now to equation 5 if we expand the 
exponentials we obtain the equation

do , Vh +  «2 
~  At ~  Clkl ~~ kT ( 11)

which is the irreversible thermodynamic approxi­
mation for the case under consideration, (wi +  
w/)/kT may be a function of many gradients such 
as those of concentration, potential, temperature, 
etc. Comparing (11) and (5) we see that the ex­
tension of the limiting irreversible thermodynamic

(22) E. Berger, Kolloid Beili., 36, 1 (1932).
(23) F. W„ Cagle and H. Eyring, J. Appi. Phys., 22, 771 (1951).
(24) T. Ree and H. Eyring, Tech. Report Univ. of Utah No. 38 

O.N.R. £1952).
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IkT  _  g - W i l k T )   f c T . . [

When Wi =  w2, as frequently happens, this fac­
tor becomes {(sinhw/fcT) kT/w\ which approaches 
unity for small values of the argument (w/kT) and 
rapidly increases for large arguments. Our consid­
erations here are eloquent evidence of the slight 
utility of the irreversible thermodynamic approach 
hi most molecular equilibrations.26

Mechanism of Detergency.—As we said at the 
beginning of this paper, adsorption of the deter­
gent is usually postulated as a necessary step in 
the mechanism of detergent action. To the deter­
gent is often attributed the possibility of displacing 
(.he dirt adsorbed on a soiled cloth by forming soil- 
detergent and cloth-detergent complexes, accord­
ing to the so called soil equation 
fabric-dirt +  detergent =

fabric-detergent +  soil-detergent
Nothing, however, could be inferred about the na­
ture of the displacement process. In view of what 
we have learned from the rate of the adsorption and 
desorption processes a tentative interpretation of 
the detergent action may be advanced.

A measure of the efficiency of a detergent as 
cleansing agent is given by the detergency curve. 
A typical detergency curve26 is shown in Fig. 13.

rate expression is generalized by multiplying the
expression on the right of equation 11 by the factor

Fig. 13

The similarity of this curve with the adsorption 
isotherms and the initial rate curve is evident. A 
noteworthy feature of the detergency curve is that 
the detergency does not increase with increasing 
concentration, but reaches a maximum, as adsorp-

(25) R. B. Parlin, R. J. Marcus and H. Eyring, Proc. Nat. Acad. 
Sci., 41, in press (1955).

(26) W. C. Preston, T h is  J o u r n a l , 62, 84 (1948).

tion does. However the detergency must be di­
rectly related to the desorption rate. Since a re­
duced equation holds for desorption, the rate of 
desorption is solely determined by the amount 
adsorbed. In particular if we plot the initial rate 
of desorption (equal to the rate of adsorption at 
equilibrium) as a function of the concentration of 
detergent in solution, we would obtain a curve that 
matches exactly the adsorption isotherm. Therefore 
the same similarities observed between detergency 
and the isotherm, necessarily exist between deter­
gency and the rate of desorption at equilibrium. 
We have seen that the rate of desorption of a deter­
gent may be written

—  =  2D kn  sinh bvD

in which D is the amount of detergent adsorbed. 
A similar equation should hold for the desorption of 
the “ dirt”  provided that new constants are used. 
(Actually a set of constants for each constituent of 
the dirt should be used, but for simplicity we can 
assume that only one “ dirt substance”  is present)

—  — ^ =  2Sks  sinh bgS 
a t

where S is the amount of “ dirt substance” adsorbed.
If several substances (dirt and detergent) are 

adsorbed on the cloth at the same time, the contri­
butions to the rate of desorption, of the stresses due 
to each substance should be additive. In particu­
lar the rate of desorption for dirt becomes

-  ~  =  2S ks sinh ( bsS  +  bDZJ)

Hence for a given value of S the rate of desorption 
of the dirt is maximum when D is maximum and 
therefore the detergency is also maximum at that 
point.

According to this hypothesis the fundamental 
operation of the detergent would be to accelerate 
the desorption of dirt by increasing the stress on 
the adsorbent material. If this hypothesis is cor­
rect it should be possible to improve the efficiency 
of a detergent by changing conditions or by adding 
substances capable of increasing the adsorption of 
the detergent itself, or even by adding substances that 
are by themselves liable to be highly adsorbed on the 
cloth, whether or not they are detergents. It must be 
emphasized, however, that actually the detergents, 
because of their capacity for the formation of ag­
gregates, play another essential role, which, how­
ever, is not rate determining. They prevent the 
readsorption of the “ dirt”  by solubilizing and dis­
persing it in the water medium.
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CRITICAL MICELLE CONCENTRATIONS OF a-SULFONATED 
FATTY ACIDS AND THEIR ESTERS1
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Received December 5, 1955

Conductance, surface tension and dye titration methods have been used to determine the o.m.c. of a-sulfomyristic acid, 
a-sulfopalmitic acid, a-sulfostearic acid and sodium salts of methyl, ethyl, propyl and 2-sulfoethyl esters of a-sulfonated 
palmitic and stearic acids. Increase in length of the carbon chain of the fatty acid results in a decrease in c.m.c. in accord­
ance with the usual logarithmic relationship. Disodium 2-sulfoethyl a-sulfopalmitate has a c.m.c. which is a little greater 
than that reported for sodium dodecyl sulfate. Disodium 2-sulfoethyl a-sulfostearate has a c.m.c. which is about midway 
between that reported for sodium dodecyl sulfate and sodium tetradecyl sulfate. This may account for the similarity of 
these compounds in detergency and response to building.

Sodium salts of a-sulfonated fatty acids [RCH- 
(S03N a)C00H  and RCH(S03N a)C00N a] and 
their esters [RCH(S03N a)C 00R ' where R ' is alkyl 
or -C H 2CH2S03Na] have been prepared in high pur­
ity3'4 5 and their detergent properties have been 
evaluated.4'6 It is of interest to study the micellar 
properties of solutions of these compounds in order 
to correlate their surface active properties with crit­
ical micelle concentration (c.m.c.). The esters are of 
particular interest because their structure can be 
varied at both the fatty acid and the alcohol portion 
of the molecule. The disodium salts of 2-sulfo­
ethyl esters and the simple disodium salts of a-sul- 
fonated fatty acids are interesting examples of sur­
factants with two hydrophilic groups.

There are sources of error in the methods used for 
these studies. Impurities affect the accuracy of the 
surface tension method; in the dye titration 
method, dyes have been shown6 to initiate the forma­
tion of micelles at slightly lower concentrations; 
and in the conductance method difficulties are en­
countered when the conductivities are low. There­
fore all three methods were used whenever appli­
cable and an attempt was made to correlate them.

Experimental
Surfactants used were those described in earlier publica­

tions.3'4 In all cases an attempt was made to purify the 
compounds until the surface tension versus concentration 
curve of the aqueous solutions did not show a minimum. 
a-Sulfomyristic acid and a-sulfopalmitic acid were found 
to be free of surface tension minima after five crystalliza­
tions from chloroform. Crystallization from chloroform 
did not purify a-sulfostearic acid to this degree.

Simple esters such as sodium ethyl a-sulfopalmitate were 
extracted with ether in a Soxhlet extractor for six to eight 
hours and found to be free of surface tension minima. 
Ether extraction failed to remove the minimum from di­
sodium 2-sulfoethyl a-sulfostearate but foam fractionation7 
followed by freeze drying was found to be successful.

Surface Tension.—The du Noiiy tensiometer was used 
for all surface tension measurements. Since little change in

(1) Presented at the Delaware Valley Regional Meeting, at Phila­
delphia, February 16, 1956, and the 129th National Meeting of the 
American Chemical Society, Dallas, Texas, April 8-13, 1956.

(2) A laboratory of the Eastern Utilization Research Branch, 
Agricultural Research Seryice, U. S. Department of Agriculture.

(3) J. K. Weil, R. G. Bistline, Jr., and A. J. Stirton, J. Am. Chem. 
Soc., 75, 4859 (1953).

(4) J .  K. Weil, R. G. Bistline, J r .,  and A. J . Stirton, J. Am. Oil 
Chemists’ Soc., 32, 370 (1955).

(5) A. J. Stirton, J. K. Weil and R. G. Bistline, Jr., ibid., 31, 13
(1954) .

(6) P. Mukerjee and K. J. Mysels, J. Am. Chem. Soc., 77, 2937
(1955) .

(7) L. Shedlovsky, J. Ross and C. W. Jakob, J. Colloid Set., 4,
25 (1949).

surface tension with temperature was observed with these 
compounds, and since it has been shown that the c.m.c. is 
nearly independent of temperature,8 all surface tension 
measurements were made at room temperature, 28 ±  1°. 
Appropriate corrections were applied to the tensiometer 
readings to give surface tension in dynes per centimeter.

Conductance.—A Leeds and Northrup conductivity 
bridge operating at 1,000 cycles was used to measure con­
ductance. The bridge was capable of measuring resistance 
up to 20,000 ohms with an error of 0 .1%  or less. Measure­
ments were made at 25.00 ±  0.05° in a cell with a constant 
of 2.26 ±  0.02. Variations in conductance due to tempera­
ture were thus found to be less than one part in five thou­
sand . Surfactants were dissolved in a redistilled water with 
a specific conductance of 2.53 X 10“ 6 mho and correction 
made for the conductance of the solvent in all cases.

Dye Titration.—Determinations of c.m .c. by the pinacy- 
anole method were carried out as described by Corrin, Ele­
vens and Harkins.9 A solution of surfactant in 10-6 M  
pinacyanole chloride (0.0005%) solution was made up at a 
concentration well above the c.m .c. of the surfactant and 
diluted with 10-6 M  dye solution. Critical micelle concen­
trations were determined both by visual observation of the 
color change and from a plot of the light absorbance at the 
maxima: 480, 557 and 608 mu, as measured in a Beckman 
model DU spectrophotometer.

Solubility.— The solubility of the more readily soluble sur­
factants was determined by filtering insoluble matter from 
an equilibrated mixture of solid and water.6 Lower solu­
bilities were determined by a trial and error method to deter­
mine the limiting concentration capable of producing a clear 
solution.

Discussion of Results
Table I lists the c.m.c. values determined by the 

surface tension, conductance and dye titration 
methods for a-sulfomyristic, a-sulfopalmitic and 
a-sulfostearic acids and some of their esters. The 
conductance method has an advantage over the 
other methods in that it is not affected either by 
small amounts of impurities, as is the surface tension 
method, or by the presence of dye particles, as 
is the dye titration method.6 The conductance 
values reported have been found to have a normal 
Onsager slope below the c.m.c. Figure 1 shows the 
conductance curve for a-sulfomyristic acid, in the 
upper part; and the conductance curves for disodium
2-sulfoethyl a-sulfopalmitate (A) and disodium 2- 
sulfoethyl a-sulfostearate (B), in the lower part.

Figure 2 shows surface tension curves for solu­
tions of disodium 2-sulfoethyl a-sulfostearate after 
ether extraction as the only purification, and after 
foam fractionation of the same material. Ether ex­
traction of the ester resulted in a surface tension 
curve with a broad minimum but foam fractiona-

(8) A. P. Brady and H. Huff, ibid., 3, 511 (1948).
(9) M . L. Corrin, LI. B. Klevens and W . D. Harkins, J. Chem. Phys., 

14, 480 (1946).
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a-Sulfomyristic acid 
a-Sulfopalmitic acid 
a-Sulfostearic acid 
Sodium methyl a-sulfopalmitate 
Sodium ethyl a-sulfopalmitate 
Sodium propyl a-sulfopalmitate 
Sodium methyl a-sulfostearate 
Sodium ethyl a-sulfostearate 
Sodium propyl a-sulfostearate 
Sodium isopropyl a-sulfostearate 
Disodium 2-sulfoethyl a-sulfopalmitate 
Disodium 2-sulfoethyl a-sulfostearate .13

Fig. 1.— Variation of equivalent conductance with con­
centration for a-sulfonated fatty acids and esters, 25.00 ±  
0.05°: A, disodium 2-sulfoethyl a-sulfopalmitate; B,
disodium 2-sulfoethyl a-sulfostearate.

C O N C E N T R A T I O N ,  %.
Fig. 2.— Variation of surface tension with concentration for 

disodium 2-sulfoethyl a-sulfostearate, 28°.

---------------Dye M ethod -
Spectro­

photometer Visual

Conductance
method

(25°)
0 .0 7 5 0 .0 8 0 .1 3

.0 2 3 .0 1 7

.0 0 4 .0 0 5

.0 1 4 .0 1 5

.0 1 3

.0 0 4 . 003

.0 0 2 .0 0 2

3 .4 .5 3
10 .1 6

tion was able to remove it completely. Miles 
and Shedlovsky10 have illustrated the effect of add­
ing a material of lower c.m.c. such as sodium cetyl 
sulfate to sodium lauryl sulfate. Their curves 
were similar to those shown here. Small amounts of 
suspected ether-insoluble impurities such as sodium 
ethyl a-sulfostearate and sodium 2-sulfoethyl stea­
rate, which have lower c.m.c. values, may be ex­
pected to be responsible for this effect. Critical mi­
celle concentrations of foam fractionated and non- 
foam fractionated disodium 2-sulfoethyl a-sulfo­
stearate by the dye titration method were in agree­
ment with c.m.c. values shown in Fig. 2.

Table II lists the solubility of some mono- and 
disodium salts of a-sulfonated fatty acids.' When 
pinacyanole chloride was added to solutions of these 
surfactants at the concentrations shown in Table II, 
micelles were found to be absent in all cases. The
c.m.c., accordingly, is not less than the concentra­
tion of a saturated solution. Little difference is ob­
served in comparing the solubility of sodium a-sul- 
fostearic acid, sodium a-sulfopalmitic acid and so­
dium a-sulfomyristic acid (Table II) with the c.m.c. 
values of a-sulfostearic acid, a-sulfopalmitic acid 
and a-sulfomyristic acid (Table I), respectively.

T a b l e  I I
S o l u b il it y  o f  So d iu m  S alts  of a-SuLFONATED F a t t y  

A cids  in  P e e  C e n t , a t  25 °
Disodium a-sulfomyristate 1.50
Disodium a-sulfopalmitate 0.25
Disodium a-sulfostearate 0.10
Sodium a-sulfolauric acid 0.42
Sodium a-sulfomyristic acid 0.11
Sodium a-sulfopalmitic acid 0.02
Sodium a-sulfostearic acid < 0.01

Increase in the length of the fatty acid chain of 
these compounds results in a decrease in c.m.c. in 
the usual logarithmic relationship shown for other 
homologous series.11'12 There is also a general de­
crease in the c.m.c. with increase in number of car­
bon atoms in the alcohol portion of the esters but no 
consistent relationship is shown over this limited 
range. Only a slight decrease in c.m.c. is observed 
on esterifying the diacid or monosodium salt with 
methyl alcohol.

(10) G. D. Miles and L. Shedlovsky, T h is J o u r n a l , 48, 57 (1944).
(11) S. H. Ilerzfeld, ibid.. 56, 953 (1952).
(12) P. Debye, J. Colloid Sci., 3, 407 (1948).

T a b l e  I
C r it ic a l  M ic e l l e  C o n c e n tr a t io n

Per Cent, at Room Temperature 
Surface 
tension 
method
0.07 

.02 

.005 

.012 

.009 

.004 

.004 

.005 

.0005 

.001
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Some interesting observations may be made on 
the effect of adding a second hydrophilic group to a 
long hydrophobic chain. The solubility of diso­
dium a-sulfostearate and the c.m.c. of disodium 2- 
sulfoethyl a-sulfostearate are not what one might 
expect from half the number of carbon atoms at­
tached to one hydrophilic group but rather their ion 
solubilities are about midway between those re­
ported13 for sodium dodecyl sulfate and sodium tet- 
radecyl sulfate. Likewise, disodium a-sulfopal- 
mitate and disodium 2-sulfoethyl a-sulfopalmitate 
have a little higher ion solubility than sodium do­
decyl sulfate. Disodium 2-sulfoethyl a-sulfostearate 
has been found to have good detergency and shows 
a response to building4 similar to that of surfactants 
with twelve and fourteen carbon atoms. The 
c.m.c. values given here are only slightly lower than 
those reported by Shinoda14 for corresponding al­
kyl malonates: C12H»CH(COOK)2, 1.7%; Ci4H2q- 
CH(COOK)2, 0.7%; C16H33CH(COOK)2, 0.2-0.4%.

(13) J. Powney and C. C. Addison, Trans. Faraday ,Soc.. 33, 1243 
(1937).

(14) K. Shinoda, T his J o u r n a l , 59, 432 (1955).

Conclusions
The conductance method is preferred for meas­

urement of critical micelle concentrations of a- 
sulfonated acids and esters when the value ob­
tained is above 0.05% (0.001 M). The surface 
tension and dye titration methods were used for 
those having lower c.m.c. values.

a-Sulfonated acids and their alkyl esters have 
c.m.c. values in the same region as other surfac­
tants of equal carbon chain length. Disodium 2- 
sulfoethyl a-sulfostearate has a c.m.c. between that 
of sodium dodecyl sulfate and sodium tetradecyl 
sulfate. Simple monosodium and disodium salts of 
a-sulfonated acids do not form micelles at room tem­
perature but have solubilities which are very close 
to the c.m.c. values of other materials having the 
same length of alkyl chain and the same number of 
hydrophilic groups.
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The crystalline anhydrous dietherate of tetrachloroferric acid has been prepared and its behavior with water has been 
studied. The hydrated acid was shown by spectro-ehemical means to be identical with the complex which is extracted by 
isopropyl ether from hydrochloric acid containing ferric chloride. It has been found that water is essential for the extraction 
of the ferric chloride complex and that water is the controlling factor in the formation of a third phase in the extraction 
system.

Introduction
Several investigators1-7 have displayed interest 

in the possible significance of the water found in 
the ether layer when ferric chloride is extracted 
from hydrochloric acid solution by ether. It is gen­
erally believed that most of this water is associated 
with the extracted material. ’■2,6 ~7 By means of anal­
yses for hydrogen, iron, chloride and water in the 
ether layer, previous workers1'2 have assigned the 
empirical formula HFeCl4-4-5H20  to the material 
which extracts.

Hydrogen chloride and water are normally dis­
tributed between isopropyl ether and hydrochloric 
acid.3'6 It may be expected that these compounds 
will also exist in the ether layer of the ferric chloride 
extraction system apart from that associated with 
the extracted material. The amounts of free hy-

(1) S. Kato and R. Ishii, Sci. Papers Inst. Phys. Chem. Research, 
Tokyo, 36, 82 (1939).

(2) J. Axelrod and E. H. Swift, J. Am. Chem. Soc., 62, 33 (1940).
(3) N. H. Nachtrieb and J. G. Conway, ibid., 70, 3547 (1948).
(4) N. H. Nachtrieb and R. E. Fryxell, ibid., 70, 3552 (1946).
(5) R. J. Myers Und D. E. Metzler, ibid., 72, 3772 (1950).
(6) R. J. Myers, D. E. Metzler and E. H. Swift, ibid., 72, 3767 

(1950).
(7) H. L. Friedman, ibid., 74, 5 (1952).

drogen chloride and water in the ether layer de­
pend on the concentration of hydrochloric acid in 
the aqueous layer and on the effect of ferric chlo­
ride on their distribution. Because the latter ef­
fect has not been determined, it is difficult to es­
tablish the exact amount of water which is associ­
ated with the extracted iron complex from anal­
yses alone. The problem has been approached, 
therefore, by studying the action of water on anhy­
drous HFeCU and ether.

Experimental
Materials.—The isopropyl ether, ferric chloride and hy­

drogen chloride used in the preparation of tetrachloroferric 
acid, HFeCh, were anhydrous. All operations were carried 
out in a dry box which was charged with phosphoric anhy­
dride. The drying agent was stirred frequently to expose 
a fresh surface and was replaced as soon as its efficiency 
appeared doubtful.

The isopropyl ether was purified bjr treatment with acidi­
fied, saturated ferrous sulfate solution followed by sodium 
hydroxide solution. It was rinsed with distilled water, 
dried with silica gel and distilled twice over calcium hydride. 
The fraction of the purified ether which boiled between 67.4 
and 67.9° (uncor.) was collected for use. Commercial C .p . 
anhydrous ferric chloride was found to be entirely satisfac­
tory for this preparation. The hydrogen chloride was taken 
from a cylinder of the anhydrous gas.
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Analyses.— Iron was determined on the aqueous extracts 
of the samples after the ether had been removed by evapora­
tion. The aqueous solutions were made two molar in hy­
drochloric acid, passed through a silver reductor and titrated 
with standard ceric sulfate to the ferrous-o-phenanthroline 
end-point. Chlorine was determined by the Volhard 
method (the silver chloride precipitate being filtered off). 
Analysis for hydrogen was carried out on aqueous extracts 
of the samples without removal of the ether. The aqueous 
solution was titrated with standard sodium hydroxide solu­
tion to the phenolphthalein end-point. The hydrogen was 
computed by subtracting the volume of reagent required 
for the known quantity of iron present from the total volume 
of reagent used. The isopropyl ether content of solid 
etherate samples was determined by difference after the 
amounts of all other constituents had been determined.

Spectra.— A Beckman model D .U . quartz spectropho­
tometer, equipped with a Beckman hydrogen discharge 
lamp and a constant voltage power pack, was used to obtain 
ultraviolet absorption spectra. A Model B Beckman spectro­
photometer was employed for obtaining spectra in the visi­
ble region. Matched glass-stoppered cells with quartz win­
dows and ten millimeter inside thickness served to contain the 
samples for both of these instruments. Infrared absorption 
spectra were run on a Model 12B Perkin-Elmer Infrared 
Spectrometer using a rock salt prism and cells with fixed 
and demountable rock salt windows. The spectroscopic 
nomenclature recommended by Hughes8 was used in report­
ing data.

The Preparation of Anhydrous Tetrachloroferric Acid 
Dietherate.— Isopropyl ether was dried by allowing it to 
react for two days with extruded sodium. It was then fil­
tered into a large bottle and a few grams of calcium hydride 
added. The bottle was fitted with a syphon so that ether 
could be removed by increasing the air pressure within the 
apparatus. A fine sintered glass filter was sealed to the 
lower end of the siphon to prevent small particles of calcium 
hydride from being withdrawn along with ether. This dis­
pensing apparatus was kept in the dry box throughout its 
use.

was noted at this stage. When it was apparent that all the 
ferric chloride had been precipitated by the reaction taking 
place, continued passage of gas through the solution caused 
a sharp rise in temperature. The flow of hydrogen chloride 
was stopped at this point, the hose connections clamped off, 
and the flask with its gas bubbler removed to the dry box.

The solid material was separated, first by decanting the 
bulk of the ether, and finally by suction filtering. While 
on the sintered glass filter, the solid was washed several 
times with dry ether from the dispensing bottle. After a 
brief drying by suction, the crystalline material was col­
lected and samples were taken for analysis.

The solid is light yellow-green in color, crystalline, volumi­
nous in bulk and adheres to glass and metal even after 
thorough drying between pieces of filter paper. It is ex­
tremely hygroscopic and forms a dark green sirupy liquid 
immediately upon exposure to atmospheric moisture. It 
is only very slightly soluble in isopropyl ether (0.0025 mole 
per liter, obtained by iron and chloride analysis). The com­
position of the crystalline solid was found to be 14.25% iron, 
36.09% chlorine, 0.255% hydrogen and 49.4% isopropyl 
ether. The atomic ratios of the constituents are 1.00 F e : 3.98 
Cl; 1.00 H :1.89 i-Pr20  giving the empirical formula 
HFeCh-2 isopropyl ether.

The Action of Water on Anhydrous HFeClr2 i-Pr20 - .— As
stated previously, anhydrous tetrachloroferric acid is ex­
tremely hygroscopic. When hydrated, the acid becomes 
soluble in isopropyl ether. In order to determine quanti­
tatively the amount of water necessary to make the anhy­
drous material soluble in ether, the compound, in the pres­
ence of isopropyl ether, was titrated with water.

Arbitrary amounts of the anhydrous acid were placed in 
100-ml. volumetric flasks. About 75 ml. of dry isopropyl 
ether was added to each flask which was then stoppered and 
removed from the dry box. Each mixture was titrated with 
water from a micro-buret. During the titration two ether 
phases formed and the denser phase, containing most of the 
iron, was observed to grow at the expense of the light phase. 
In the systems which contained small amounts of tetrachlo­
roferric acid the dense ether layer reached a maximum

T a b l e  I
T he  D e g r e e  of H y d r a t io n  o f  E t h e r - so l u b le  T e tr a c h l o r o f e r r ic  A cid

No. Type of soin. Fe
1 Light ether phase 0.0130
2 Light ether phase .1544
3 Light ether phase .0980
4 Light ether phase .0483
5 Light ether phase .0439
6 Light ether phase .0211
7 Light ether phase .0202
8 Light ether phase .0111
9 Light ether phase .00854

10 Light ether phase .00569
11 Light ether phase .00261
12 Heavy ether phase .2381
13 Heavy ether phase .2463
14 Heavy ether phase .2829
15 Heavy ether phase .3116

One liter of the dry isopropyl ether was saturated with an­
hydrous ferric chloride and the solution filtered into a one- 
liter flask provided with a male 24/40 ground joint. Samples 
of this solution were taken for iron analysis. The ether 
solution Was found to be 0.367 molar in ferric chloride.

The flask containing the anhydrous solution of isopropyl 
ether and ferric chloride was fitted with a bubbling device 
which consisted of a female 24/40 joint with a side arm and a 
ring-sealed tube. A coarse, sintered glass, gas bubbler was 
sealed to the bottom of the tube. This apparatus was re­
moved from the dry box and connected via a Dry Ice-acetone 
cold trap to a cylinder of hydrogen chloride gas. Care was 
taken to prevent the introduction of atmospheric moisture.

Hydrogen chloride gas was passed slowly through the 
system and a solid began to separate from the solution im­
mediately. No increase in the temperature of the solution

(8) H. K. Hughes, Anal. Chem., 24, 1349 (1952).

Ratios of
Molar concn. of 

Cl ILO
constituents 

Fe Cl H20
0.0529 0.0655 1 4.06 5.04
0.609 .749 1 3.94 4.85

.493 1 5.03

.252 1 5.22

.221 1 5.02

.103 1 4.88

. 105 1 5.19

. 0595 1 5.37

.0481 1 5.63

. 0262 1 4.61

.0135 1 5.18
0.957 1.067 1 4.02 4.48
0.973 1.106 1 3.06 4.49
1.126 1.265 1 3.09 4.47
1.239 1.363 1 3.08 4.37

volume which then began to decrease as the titration pro­
ceeded and suddenly disappeared. The disappearance of 
the two layers which produced a clear homogeneous solution, 
was considered the “ end-point”  of the titration. The sys­
tems containing large quantities of the acid exhibited a con­
tinuous expansion of the dense phase at the expense of the 
light ether layer above it. The “ end-point”  in these cases 
was the disappearance of opalescence in the solution which 
indicated that no more light ether layer existed. It was 
noted that just at the end-point each solution foamed very 
readily.

Following the preliminary titrations with water, each 
flask was returned to the dry box and filled to the mark with 
dry ether. The solutions which contained large amounts of 
the tetrachloroferric acid again formed two liquid phases. 
These were titrated to homogeneous solutions by a few drops 
of water.
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After the titrations with water were complete, each solu­
tion was analyzed for iron and chloride. The results of the 
analyses, and the water titrations are summarized in Table I.

The light ether layers appeared to be entirely miscible 
with isopropyl ether while the heavy ether solutions were 
immiscible. As was shown by this experiment, the immis­
cible layers could be made to dissolve isopropyl ether by 
adding small amounts of water.

The average value (taken over all the solutions considered 
to be light ether phases) of the number of molecules of water 
necessary to make the anhydrous tetrachloroferric acid com­
pletely soluble in isopropyl ether is 5.09 with an average de­
viation of a single observation of ±0 .2 1 . For the heavy 
ether solutions this ratio of water to iron appears to fall off 
with increasing iron concentration.

Comparison of Spectra.— The solution indicated no. 1 in 
Table I was diluted with isopropyl ether to 1.3 X  10 ~i and 
its ultraviolet spectrum measured. The spectrum was 
found to be identical with that observed for an ether layer 
obtained by extracting iron from an aqueous solution of ferric 
chloride and hydrochloric acid with isopropyl ether. A 
markedly different ultraviolet spectrum was observed for an 
anhydrous solution of ferric chloride in isopropyl ether. 
Both the spectrum for the ether extract and that for the an­
hydrous solution were in agreement with those reported by 
Metzler and Meyers.9

The visible spectrum of the solution indicated no. 14 in 
Table I was found to be identical with that of an ether layer 
from a ferric chloride-isopropyl ether extraction system and 
unlike that of anhydrous ether solution of ferric chloride. 
The latter two spectra were in agreement with those reported 
by Nachtrieb and Conway.3

Two bands appear at 757 and 827 cm.“ 1 in the infrared 
spectrum of the saturated anhydrous solution of ferric chlo­
ride and isopropyl ether. These bands are not present in 
the isopropyl ether spectrum. A thin section (0.001 mm.) 
of the ether layer obtained by extracting with isopropyl 
ether from 7.0 M  hydrochloric acid saturated with ferric 
chloride was run in the infrared. The 1015 cm .“ 1 band of 
the isopropyl ether spectrum was shifted to 1000 cm .“ 1. 
The same shift was noted in the infrared spectrum of hy­
drated tetrachloroferric acid in isopropyl ether. A thin sec­
tion (0.001 mm.) of this solution, which was 2.8 M  in HFe- 
Cl4, was run in the infrared and the 1015 cm. “ 1 band was 
shifted to 990 cm .“ 1.

The ultraviolet spectrum of an anhydrous solution of iso­
propyl ether, ferric chloride and hydrogen chloride was ob­
tained. This solution was 1.38 X 10“ 4 M  in ferric chloride 
and 1.4 X  10“ 3 M  in hydrogen chloride. The spectrum 
was identical with that of the hydrated tetrachloroferric acid 
in isopropyl ether.

Discussion
The absorption spectrum of hydrated tetrachloro­

ferric acid, from the ultraviolet through the infra­
red regions, is diffeient from the spectrum of an­
hydrous ferric chloride in isopropyl ether. Tt is 
identical with the spectrum of the ether layer from 
the ferric chloride-isopropyl ether extraction sys­
tem. This is considered evidence that the com­
plex in the ether layer of the ferric chloride extrac­
tion system is hydrated tetrachloroferric acid.

The significance of associated water in the ex­
tracted complex is quite apparent from the fact 
that the anhydrous tetrachloroferric acid is insolu­
ble in isopropyl ether. Moreover, when the mole 
ratio of water to iron in a solution of isopropyl 
ether and tetrachloroferric acid is less than five the 
solution is immiscible with dry ether. The complex 
becomes completely soluble in ether when sufficient 
water is present to form the pentahydrated acid.

The manner in which water is associated with the 
complex acid in ethereal solution has not been de­
termined. Results from studies of the electrolysis

(9) D. E. Metzler and R. J. Meyers, J. Am. Chem. Soc., 72, 3776 
(1950).

of ether extracts10 indicate that all of the water is 
combined with the hydrogen of the acid. Addi­
tional evidence for this is given by the work of 
Friedman7 who has shown that the absorbing spe­
cies in tetrachloroferrate compounds is the anion 
and that the anhydrous compounds give spectra 
identical with the hydrated tetrachloroferric acid. 
Furthermore, the ultraviolet spectrum of the an­
hydrous isopropyl ether-tetrachloroferric acid solu­
tion in this study is the same as that of the hydrated 
acid in ethereal solution. Ordinarily, when an ab­
sorbing complex becomes hydrated by coordinated 
water its spectrum is altered quite noticeably.11'12 
The above evidence indicates that the material 
which is extracted by isopropyl ether from hydro­
chloric acid containing ferric chloride is (H30 +- 
4H20)FeCl4-.

A possible explanation for the occurrence of two 
ether phases in the ferric chloride extraction sys­
tem13'14 is found in these studies. The two ether 
phases of this system are analogous to a heteroge­
neous HFeCh-ether system which has insufficient 
water to bring about a homogeneous ethereal 
solution. The two ether-phase extraction system 
occurs when the over-all concentration of hydro­
chloric acid is very high (above eight molar initial 
concentration).

Stokes and Robinson15 indicate that very little 
“ free water”  exists in hydrochloric acid at a con­
centration of seven molar. Almost all the water 
present serves to hydrate the ions and very little, 
if any, acts as solvent. When the concentration 
exceeds seven molar a deficiency of water may be 
considered to exist. Thus, concentrated hydrochlo­
ric acid may act as a dehydrating agent upon a sub­
stance possessing loosely-bound water.

That some of the water associated with the ex­
tracted complex is loosely-bound is illustrated by 
the effect of sodium chloride on an ether extract. 
When the salt is added to the ether phase (sepa­
rated from the aqueous phase) a layer of brine and 
two ether layers are formed.16 Dehydrating agents 
stronger than sodium chloride will of course give the 
same effect.

Under no circumstances have two ether phases 
been observed in the isopropyl ether-HCl-H20  
ternary systems.17 A study of this system has, 
however, disclosed that when the initial hydro­
chloric acid concentration is increased the concen­
tration of water in the ether layer decreases. When 
the over-all concentration of hydrochloric acid in 
the ferric chloride extraction system exceeds eight 
molar the aqueous layer may exert a dehydrating 
influence upon material in the ether layer. Part of 
the extracted tetrachloroferric acid may be deprived

(10) J. E. Savolainen, unpublished results from this Laboratory.
(11) W. R. Brode, T h is J o u r n a l , 30, 56 (1926).
(12) W. R. ferode, “ Chemical Spectroscopy,”  John Wiley and Sons, 

Inc., New York, N. Y., 1943, p. 205, 246, 267.
(13) R. W. Dodson, G .  J. Forney and E. H. Swift, J. Am. Chem. 

Soc., 58, 2573 (1936).
(14) N. H. Nachtrieb and R. E. Fryxell, ibid., 74, 897 (1952).
(15) R. H. Stokes and R. A. Robinson, ibid., 70, 1870 (1948).
(16) Unpublished results from this Laboratory.
(17) D. E. Campbell, A. H. Laurene and H. M. Clark, J. Am. 

Chem. Soc., 75, 6193 (1952).
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BURNING RATE STUDIES. 4. EFFECT OF EXPERIMENTAL 
CONDITIONS ON THE CONSUMPTION RATE OF THE 

LIQUID SYSTEM 2-NITROPROPANE-NITRIC ACID
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An apparatus and experimental technique for measuring the consumption rate of burning liquid systems are described. 
The effect of such experimental parameters as pressure, igniter size, tube diameter and tube material on consumption rate 
was investigated. The consumption rate curve for the system 2-nitropropane-nitric acid shows abrupt changes in slope 
at various pressures. _ Two of these regions of abrupt change in slope were studied in some detail by means of moderately 
high-speed motion-picture photography. The resolution obtained in these photographs was good enough to show many 
features of the burning process that could not be seen by direct observation.

Introduction
Studies of temperature profiles in burning liq­

uids1'2 were made after a study of the effect of ex­
perimental conditions on consumption rate had 
been completed. These results are given here 
along with a description of the liquid burning rate 
apparatus. This work was to test a method of 
measuring liquid consumption rate, and to deter­
mine how certain physical parameters affect the 
consumption rate. The apparatus might intro­
duce spurious effects which would give rise to erro­
neous rate data. Therefore it was desirable to de­
termine effects (if any) characteristic of the appara­
tus so that they could be distinguished from those 
characteristic of the burning liquid. A short study 
was made of the effect of bomb pressure, igniter en­
ergy, combustion tube size and combustion tube 
material since these factors most likely affect ob­
served consumption rates. An effort was made to 
determine the relationship between observed rate 
and fundamental burning rate. Many side ob­
servations were made. The more important ones 
are described. Although some 20 different combus­
tible liquids (both single and two-component sys- • 
terns) were investigated to some extent, the sys­
tem 2-nitropropane-nitric acid was chosen-to illus­
trate the behavior of liquids burning under pressure 
because it was studied in most detail.

Materials
Commercial Solvents Corporation commercial grade 2- 

nitropropane was distilled once and the center constant 
boiling fraction was used in these studies. The starting 
material, however, gave consumptiou rates essentially 
identical with those obtained with the purified material. 
Nitric acid was obtained by two different methods. An­
hydrous nitric acid was prepared from concentrated sulfuric 
acid and potassium nitrate. The anhydrous nitric acid 
was distilled from the mixture at about 30° and 1 mm. 
Larger quantities of anhydrous nitric acid were prepared 
by distilling a mixture of C.p. white fuming nitric acid in the 
presence of a large excess of concentrated sulfuric acid at a 
pressure of about 1 mm. This process also reduced the 
N 0 2 content to about 0.1%  or less. The anhydrous acid

(1 ) D. L. Hildenbrand, A. G. Whittaker a n d  C. B . E u s t o n ,  T h i s
J ournal, 58, 1130 (1954).

(2) D. L. Hildenbrand and À. G. Whittaker, ibid *,59, 1024 (1955).

obtained by either method was then analyzed and diluted 
to desired concentration with distilled water.

Apparatus and Procedure
Description of Apparatus.— The apparatus used was 

similar to that described by Crawford and co-workers,3 
to measure the consumption rate of solid propellants. In 
this work the rate was measured according to a principle 
described by Muraour and Schumacher4 in which a direct 
determination was made of the time required to burn a given 
length of combustible material of uniform cross section. 
The liquid was contained in Pyrex combustion tubes 4 mm. 
i.d., 6 mm. o.d., and 17.8 cm. long. The tubes were sealed 
at the bottom end. Unless otherwise indicated all rates 
were measured in tubes of this size. The bomb was a 
stainless steel vessel having a concentric cavity approxi­
mately 23 qm. deep and 6.4 cm. in diameter. The bomb 
had two diametrically opposite windows of Lucite approxi­
mately 1.9 cm. wide, 17.8 cm. long, and 3.2 cm. thick. 
These windows showed no signs of failure after considerable 
use up to pressures as high as 307 atm. The bomb head 
threaded into the top of the bomb and the seal was made by 
using the unsupported area principle. The combustion 
tube holder, which contained electric contacts for the igniter 
and fuse wires, was firmly fastened to the bomb head. 
Horizontal metal bars, spaced exactly 1 or 2 in. apart with 
respect to their top edges, were used to measure distances. 
Electric leads from the contacts on the strand holder were 
brought out through the bomb head.

Ignition of the liquid was achieved by passing current 
through e short length of No. 30 iron wire with a small 
piece of ballistite threaded onto the wire. This wire was 
bent in a sharp “ U ”  around the ballistite bead so that it 
would fit inside the top of the combustion tube. The 
position of the ballistite was adjusted so that it just touched 
the surface of the liquid in the combustion tube.

The bomb was pressurized by two methods. For pres­
sures up to 125 atm. the bomb was pressurized from com­
mercial cylinders of dry nitrogen; pressures above 125 
atm. were obtained by means of a three-cylinder cascade 
system and a high-pressure reaction vessel. Liquid nitrogen 
was pumped into the reaction vessel and permitted to 
vaporize which resulted in pressures of about 475 atm. 
This high-pressure source was used to pressurize the bomb 
to 307 atm. During combustion a 3-liter surge tank main­
tained the pressure constant to within 3%  in the low pressure 
range. Adjustable relief valves gave additional control. 
This combination permitted control to about 5%  at pres­
sures above 70 atm. The bomb pressure was measured on a 
16-in. Heise gage of 410 atm. total range.

(3) B. L. Crawford, Jr., C. Huggett, F. Daniels and R. E. Wilfong, 
Anal. Chem., 19, 630 (1947).

(4) H. Muraour and W. Schumacher, Mêm. Poudres. 37, 87 (1937).
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Movement of the combustion wave down the tube was
timed by several methods. Fuse wires and electrically 
actuated clocks3 were used, and are still used when opaque 
combustion tubes are required. For this purpose 0.5-amp. 
fuse wires were threaded through the combustion tube at
5.08 cm. intervals and were sealed in place. The igniter was 
fired by means of a 6-volt source which also supplied about 
300 ma. of current through the fuse wire« to the timing 
clocks after the clock-starting fuse wire was burned through. 
The clocks were stopped as successive fuse wires were 
burned through.

When the rate was less than 1.3 cm. per second hand­
timing was used. For this a circuit was set up in which 
switches external to the bomb replaced the fuse wires. 
A« the combustion wave passed the fiducial marks, the clocks 
were stopped by manually throwing the appropriate switches 
Intervals of 5.08 cm. were used at the lower rates, and 2.54- 
cm . intervals were used at higher rates.

Photographic timing, as described by Williams and 
Whittaker,6 was made of the combustion wave through the 
bomb window. Timing marks were made on the film by 
suitably pulsed light from either inside or outside the 
camera. The distance was scaled by the fiducial marks 
located inside the bomb. Usually silhouette lighting was 
used.

Preparation of Mixture
Mixtures of 2-nitropropane-nitric acid in stoichiometric 

proportions were studied. Stoichiometric proportions were 
defined by the equation
5 C 3H 7N 0 2 +  1 5 H N O s  — :>- 1 5 C 0 2 +  2 5 H 20  +  1 0 N 2 ( 1 )

Although the mixtures were prepared according to the 
proportions indicated in eq. 1, allowance was made for the 
tact that the nitric acid was not 100% H N 03; the density 
of 2-nitropropane was taken as 1.00 g ./cc .

Results and Discussion
Burning Rate vs. Consumption Rate.— When the 

surface of the burning liquid appears to be oriented 
perpendicular to the axis of a vertical combustion 
tube and all points in the surface move parallel 
to the walls of the tube at the same rate, the liquid 
is said to bum smoothly; its surface has a meniscus 
shape. Therefore, the observed linear consump­
tion rate along the tube is not identical with the 
true linear burning rate. This difference can be 
treated quantitatively as follows: let M  be the true 
mass burning rate in g./cm .2 sec., then the mass of 
liquid consumed per second is M A, where A is the 
area of the burning surface. The true mass burn­
ing rate, M, and the true linear burning rate L are 
related by M  =  pL, where p is the liquid density. 
The mass of liquid consumed per second can also be 
given by Cirr2p, where r is the radius of the combus­
tion tube and C is the observed consumption rate. 
Equating equivalent expressions and replacing M  
by pL gives

LpA = Ctt*P

Since A A 7rr2 the true linear burning rate will al­
ways be equal to or less than the observed consump­
tion rate. The surface correction values in Table I 
are actually A/irr2, thus giving numbers greater 
than unity. The value of A  was estimated as fol­
lows: From the photographs the image of the com­
bustion tube was projected to about 10 cm. in diame­
ter. The surface shape was then traced on a piece 
of paper and the meniscus depth measured.6 The

(5) H. Williams and A. Greenville Whittaker, Photographic Soc. 
America, 19B, No. 4, 161 (1953).

(6) Special illumination of the combustion wave is required to 
clearly define the upper and lower limits of the meniscus. Otherwise 
large errors would be made in the value of A.

projected external diameter of the tube was meas­
ured to give a scaling factor. From these measure­
ments and the assumption that the surface of the 
liquid had the shape of a spherical cap, A  was cal­
culated. This procedure was repeated on widely 
separated frames to get an average value for a 
given system and pressure.

The surface correction for the system 2-nitropro­
pane-nitric acid was quite large at low pressure and 
decreased with increasing pressure. The results of 
a detailed study of this effect are given in Table I. 
Within the accuracy of the method the data show 
that surface correction for the burning system de­
creased linearly with pressure; for the non-burning 
system it was independent of pressure.

T a b l e  I
Variation o f  Surface Correction with Pressure for 
the System 2-Nitropropane-95%  HN03 in  4 m m . i .d .

P y r e x  T u b e s
Surface correction 

Not
Burning burning

Pressure
(atm.)

Surface correction 
Not

Burning burning
Pressure
(atm.)

1.18 1 .0 1.40 1.18 48.6
1.70 1.18 14.6 1.36 1.18 55.4
1.67 1.18 21.4 1.35 1.18 62.2
1.63 1.18 28.2 1.33 1.18 69.0
1.52 1.18 35.0 1.25 1.18 75.8
1.45 1.18 41.8

Effects of Pressure.— Data on the consumption 
rate as a function of bomb pressure for a stoichio­
metric mixture of 2-nitropropane with both 100% 
and 97% nitric acid are plotted in Fig. 1 to show

Fig. 1.— Consumption rate curves for the system 2- 
nitropropane-nitric acid: O, 2-nitropropane-100% nitric
acid; ©, 2-nitropropane-97% nitric acid.

log consumption vs. log pressure. Some theoretical 
treatments (e.g., Boys and Corner7 and Rice and

(7) S. F. Boys and J. Corner. P roc. R oy .  Soc . ( London ) ,  A197, 90
(1949).
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Ginell8) show that the slope of the curve may have 
some theoretical significance. Unfortunately, they 
do not agree on what fundamental information 
can be obtained.

In discussing the results, it is convenient to define 
the various features of the curves. The system 
prepared with 97% nitric acid shows a gradually 
changing slope for low pressure, followed by a sharp 
change (“ turbulence break” ) in slope at about 70 
atm. This break is followed by a region of high 
slope, and then another fairly sharp change (“ high- 
pressure break” ) occurs. This break is followed by 
a region of intermediate slope up to the highest 
pressure studied. When 100% nitric acid is used, 
the consumption rate is increased at all pressures; 
but more important, the low pressure region de­
velops a new structure. The region of slowly 
changing slope becomes a region of additional sharp 
changes in slope. This feature is called the “ low 
pressure step.”  The various features of the curve 
are doubtless the result of both chemical and 
physical phenomena which take place in the liquid 
and in the flame just above the liquid.

Further evidence of these phenomena is given by 
direct observation of the burning liquid throughout 
the entire pressure range. There is a reddish-brown 
layer just beneath the liquid surface which appar­
ently contains nitrogen dioxide. This layer consists 
of many small regions in rather active random mo­
tion due, perhaps, to convection currents. Its thick­
ness (about 1 mm. at 20 atm.) decreases as the 
pressure increases. Around 35 atm. the flame has 
two distinguishable zones: first, a small, very dense, 
blue-white cone just above the surface; and second, 
a fairly transparent blue-white cone extending 
about 2 cm. above the liquid. Above the turbulent 
break the flame has only one discernible zone— a 
rather opaque whitish-blue cone about 4 cm. long. 
Throughout the entire pressure range it appeared 
that the flame volume increased with the pressure. 
There was no observable fizz zone (as in the case of 
burning solids) at any pressure above 20 atm. When 
the pressure was reduced to 14 atm. a fizz zone 
formed; and it increased in size as the pressure de­
creased further. However, this liquid does not main­
tain a fizz zone of even thickness at any pressure. 
At the low pressure limit for sustained combustion 
(about 9.5 atm.) the system burns alternately with 
and without flame in a random fashion; the brown 
zone is fairly wide, and bubbles form in the liquid 
surface.

Studies of the temperature distribution in burn­
ing liquids1 showed that a small fraction of Lucite 
altered the behavior of the liquid phase and had a 
marked effect on the behavior of the vapor phase. 
Addition of 0.5% Lucite gave rise to a very stable 
fizz zone which was measured. A log-log plot of 
the data was very close to a straight line which was 
fitted by the empirical equation

r, 3.77 X 102 /1 0 i or , ,1) =  ---------------  (18 to 35 atm.) (3)

where D is the fizz zone thickness in cm. and P  is the 
bomb pressure in atm. It is interesting to note 
that eq. 3 differs from the l/P3 function as reported

(8) O. K. Rice and R. Ginell, T h is  Jo u r n a l , 54, 885 (1950).

by Crawford, Huggett and McBrady9 for solid pro­
pellant combustion. However, it is similar to the 
equation relating distance from the burning surface 
to the position of maximum gas phase temperature 
and bomb pressure for nitrate esters obtained by 
Hildenbrand and Whittaker.2

Although no significant analytical results were 
obtained on the composition of the combustion 
products, there was no evidence (e.g., appearance of 
NO, N 02 or carbon in the combustion products) 
of incomplete combustion at any pressure as long as 
there was visible flame. When the flame was inter­
mittent there was evidence of either NO or N 0 2 in 
the combustion products.

Heat transfer to the combustion tube went 
through a peculiar cycle as the bomb pressure was 
increased. For pressures up to about 28 atm. the 
combustion tube would be quite hot when an ex­
periment was completed. As the pressure increased 
(from 28 to 55 atm.) the final temperature of the 
tube decreased. Above 55 atm. the combustion 
tube became hotter again. This phenomenon was 
demonstrated in another way. If the mix tvere 
made slightly fuel rich, combustion tubes used for 
measurements at a set of increasing pressures would 
show gradations of carbon deposits. At 14 atm. 
there would be essentially no deposit; as the pres­
sure increased the deposit would extend further up 
the tube; when about 55 atm. was reached the car­
bon deposit would decrease in extent; and at about 
69 atm. there would be no deposit in the tube. In 
all cases the carbon deposit was very thin and rep­
resented only a very small fraction of the combus­
tion products.

Turbulent Combustion.—The most striking effect 
of pressure is the onset of surface turbulence at a 
particular pressure. High-speed photographs of 
the combustion showed that the liquid burned 
smoothly at all pressures below 69 atm. when 97% 
nitric acid was used. Above this pressure the sur­
face became very turbulent. Twenty liquid sys­
tems have been studied so far, and the appearance 
of turbulent combustion and the corresponding 
turbulence break in the consumption rate curve was 
common to all liquids. Of many different types of 
surface turbulence, three occurred rather fre­
quently. One was an oscillatory type in which the 
surface liquid oscillated across the tube diameter 
and each time that the material changed direction a 
shower of droplets was thrown free from the major 
body of liquid. This was accompanied by flash 
burning of the liquid droplets which seemed to de­
velop sufficient pressure transient to maintain the 
oscillation. Another was helical turbulence in 
which an inclined meniscus was formed and propa­
gated down the tube along a helical path as the 
liquid burned. The trailing edge of the inclined 
surface was broken; from this broken edge many 
droplets were released into the flame zone. In the 
third type a large filament of liquid extended up 
the tube wall. The surface of the filament seemed 
to show wave motion and the liquid appeared to 
stream upward along the filament and again drop­
lets were thrown into the flame zone from the

(9) B. L. Crawford, C. Huggett and J, J. McBrady, ibid., 54, 854
(1950).
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trailing edge. All types of turbulence produced an 
excessive burning surface and .much, if not all, of 
the sharp increase in consumption rate at the turbu­
lence break was probably due to this sudden in­
crease in burning surface. It was observed that 
oscillatory burning can change to helical burning, 
but the reverse process was never observed. During 
helical burning the helix pitch may change at a 
random location in the tube, but the change was al­
ways from high to low pitch. If the pitch was low 
(say 20 turns per inch) helical burning could not be 
distinguished from smooth burning insofar as over­
all rate was concerned. No easily recognizable rela­
tionship between helix pitch and tube diameter 
was found. However, there appeared to be a rela­
tionship between the helix angular velocity and the 
bomb pressure. Most of the data gave points 
falling very close to the linear relation

V =  -0 .1 3 2  B +  17.3 (4)
where V is the angular velocity in revolutions per 
second and B is the bomb pressure in atmospheres. 
Although there were insufficient data to confirm it, 
there was an indication that there were several dif­
ferent modes of helical burning and that each mode 
may follow an equation similar to eq. 4. According 
to eq. 4 the angular velocity goes to zero at a pressure 
of 131 atm. This is close to the pressure region above 
which helical burning was not observed. Above 
131 atm. only filament type turbulence was found, 
and this type always had zero angular velocity.

Close study shows that the onset of turbulence 
does not occur sharply at a particular pressure. 
The system 2-nitropropane-nitric acid was studied 
at 1.33-atm. intervals (using special pressure con­
trol apparatus) over a pressure range of 81.22 to 
94.83 atm., which bracketed the turbulence break. 
Very close to the break 0.33-atm. intervals were 
used. From observation of high-speed photographs 
of the combustion it was estimated that the pres­
sure for the onset of turbulence could not be defined 
more closely than 89.4 ±  1.33 atm. As the turbu­
lence threshold was approached the actual oscilla­
tion of the liquid surface was very slight. Conse­
quently, the consumption rate was not signifi­
cantly different from that of a corresponding smooth 
combustion. This held true until about 1.3 atm. 
above the turbulence pressure and then the turbu­
lence becomes so violent that it could be detected 
readily by any method. Because of this situation 
the pressure of 89.4 atm. was chosen close to the 
middle of the pressure range which included the first 
perceptible oscillation of the burning surface and 
the first occurrence of violent oscillations. Also, as 
the turbulence break was approached from the 
low pressure side, the time required for the igniter- 
excited turbulence to die out increased. Conse­
quently, if the combustion tube was not long enough 
it could be concluded that the turbulence region had 
been reached, whereas actually the system would 
have gone to smooth burning had the tube been 
longer. Therefore, it was difficult to tell whether 
turbulence or smooth burning was the stable state as 
the turbulence pressure was approached.

High-speed photographs clearly show that the 
second break is accompanied by the onset of turbu­
lence. Why turbulence starts at a particular con­

sumption rate or pressure is still not answered. 
What happens to the true burning rate in the pres­
sure region above the turbulence break should be 
known before attempting to answer this. Unfortu­
nately, the turbulence, itself, makes it impossible 
to obtain this information. Surface correction, as 
applied in the smooth burning region, cannot be 
applied in the turbulent burning region because of 
the highly irregular and rapidly changing surface 
shape. However, two hypotheses are suggested to 
describe a mechanism for the onset of turbulent 
combustion. Turbulence may be generated within 
the liquid near the burning surface. The existence 
of the brown layer just below the liquid surface 
shows that there are some liquid phase reactions. 
Also, the rather rapid motion observed in this layer 
indicates that these reactions may be fairly ener­
getic, and that their net heat effect may be exo­
thermic. These subsurface reactions could increase 
in intensity as burning rate increases and at some 
particular rate the surface of the liquid could be 
upset either by thermal disturbance or by the 
evolution of gas bubbles or both. Observations on 
the vertical component of velocity of the free 
droplets broken from the liquid surface indicate 
that there is a turbulent region in the gas phase 
just above the liquid surface. Therefore, it is pos­
sible that at some pressure the products of combus­
tion change from laminar to turbulent flow. This 
gas turbulence could then react on the liquid sur­
face, causing it to oscillate and break up.

For some reason some of the droplets thrown 
into the flame do not even start to burn. These _ 
droplets (approximately 0.8 mm. dia.) make it 
possible to estimate the average gas velocity of the 
combustion products, which was approximately 150 
cm./sec. If perfect gas behavior, a flame tempera­
ture of about 3000°K., and complete combustion, 
are assumed, a theoretical gas velocity for the com­
bustion products can be calculated. At 69 atm. 
this calculated velocity is about 120 cm./sec. which 
is in fair agreement with the observed velocity. 
This yields a Reynolds number of approximately 
600. While this is below the critical value for 
tube flow it may not be too low for the onset of 
turbulence in the gas under combustion conditions. 
The relationship between Reynolds number of the 
combustion products and the onset of liquid turbu­
lence has been studied and will be reported in a 
separate paper.

It is possible that turbulence is really igniter ex­
cited, but in the following experiments it was shown 
that this is not the case. The liquid was ignited in 
the smooth burning region and steady-state com­
bustion established. When the pressure in the bomb 
was increased beyond the turbulence pressure, the 
liquid would burn turbulent immediately as the 
pressure passed through the turbulence break. 
When the strand was ignited in the turbulent re­
gion and the bomb depressurized to the smooth 
burning region, however, the combustion went 
from turbulent to smooth burning as it passed 
through the turbulence break. These experiments 
indicate that there is no relationship between the 
onset of liquid turbulence and the igniter used to 
start the liquid burning.
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Effect of Igniter Energy.—Since it was con­
ceivable that igniters could effect the measurement 
of rate in ways other than by excitation of tur­
bulent combustion, igniters of different types and 
energy were tried. Although hot-wire ignition was 
found to be possible, this method was not con­
venient because the energy required for ignition 
was a function of pressure, and had to be held 
within close limits. If the energy was too high 
or too low, ignition would not occur. Since the 
hot-wire igniter and the ballistite igniter gave simi­
lar results, and since more variations were possible 
with the ballistite igniters, only these results were 
considered. The energy of the igniters was changed 
by varying the weight of the ballistite bead. The 
measured rate over three successive intervals was 
compared to see if the rate changed over these in­
tervals in the turbulent burning. The data in Ta­
ble II show that over a fivefold range in igniter 
energy there is no evidence of an overdrive of the 
combustion wave by the larger igniters. The data 
also show that there is not sufficient pressure built 
up in the tubes during combustion to cause an ac­
celeration of the combustion wave as it passes down 
the tube.

Effect of Combustion Tube Diameter.— To
establish the effect of combustion tube diameter on 
consumption and burning rates, consumption rate 
and surface correction measurements were made 
for tubes with inside diameters from 0.5 to 10.5 
mm. Because the reproducibility of consumption 
rate measurements is better at lower acid concen­
tration, the system 2-nitropropane-95% nitric acid 
was used. Rate measurements were made in the 
smooth and turbulent burning regions (the turbu­
lence break for this system was 82.6 atm.). The 
results obtained at 69 atm. are shown in Fig. 2.

Fig. 2.—Effect of tube diameter on consumption rate and 
burning rate at 69 atm.: o , consumption rate; c ,  burning 
rate.

The curve in Fig. 2 shows that the consumption 
rate decreased as tube diameter increased. Quali­
tatively this was expected since it was compatible 
with the fact that the meniscus becomes flatter

T a b l e  I I

E ff e c t  o f  I g n it e r  E n e r g y  o n  C on su m ptio n  R a t e  o f

Syste m  2-Nitropropane-97% Nitric A cid
Energy of 

igniter,
j.

Consumption rate (cm ./sec.)
First Second  ̂Third 

interval interval interval
(55.4 atm.)

25 0.650 0.648 0.582
70 0.592 0.592 0.632
71 0.660 0.650 0.632

159 0.612 0.572 0.681
172 0.600 0.594 0.602

(89.4 atm.)
35 6.76 6.76 6.60
35 6.35 6.35 7.26
69 6.60 6.50 6.60
69 7.07 7.07 7.16

146 5.97 6.35 6.35
165 5.52 5.23 5.41

as tube diameter increases. When surface correc­
tions were applied to the data, burning rates in­
creased as tube diameter increased because the sur­
face correction for small tubes was appreciable and 
approached unity for large tubes. The effect of 
increasing heat loss to the tube walls is reflected by 
a decrease in burning rate as the tube diameter be­
comes smaller. Presumably the burning rate would 
drop to zero at the quenching diameter. The burn­
ing rate approaches a nearly constant value for tube 
diameters above 6 mm. This is probably the true 
burning rate for the system under the conditions of 
combustion. Also, Fig. 2 shows that for larger 
tubes consumption and burning rate are not signifi­
cantly different. The slight “ hump”  in the burn­
ing rate curve at 3.5 mm. appears to be real. Re­
peated measurements at this tube diameter indi­
cated that the high value was not due to experi­
mental error. Tube wall effects such as possible 
catalysis at the walls may cause the burning rate to 
be too high. These effects become relatively less 
important as the tube size increases. Thus the 
hump in the burning rate curve may arise from the 
fact that the rates were corrected for surface areas, 
but not for additional effects due to the tube walls.

Although a similar study in the turbulent burn­
ing region is not possible some data were obtained 
and are presented in Table III. These data show 
that consumption rate increases as tube diameter 
increases which is the opposite of the result ob­
tained in the smooth burning region. Moreover, 
they show that the rate increases very rapidly as 
tube diameter increases. The reason for this is not 
clear. High-speed photographs showed that as the 
tube diameter increased the turbulence appeared to 
become more violent and more droplets were 
thrown from the surface into the flame. Thus, the 
burning surface increased as tube diameter in­
creased. In a system showing this behavior explo­
sions would be expected to occur if somewhat 
larger tube diameters or somewhat higher pressure 
were used. Some explosions were observed, but 
they cannot be produced at will.

Effect of Tube Material.—Rate measurements in 
tubes of Pyrex, quartz and Kel-F were the same 
within the accuracy of the determination. Tubes 
of bakelite and similar materials gave higher con-
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T a b l e  III
E ff e c t  of T u b e  D ia m e t e r  on  C on su m ptio n  H a t e  D u r in g  
T u r b u l e n t  C o m bu stio n  o f  th e  Sy ste m  2 -N it r o p r o p a n e -  

95% HNOs
Inside Consumption Rate (cm../sec.)

diameter, Pressure (atm.)
mm. 89.4 109.8 137

0.5“ 1.24 2.74 5.77
1 .2 “ 1.70 5.21 10.49
1 . 8 “ 3.71 8.53 14.33
2.5'' 6 . 1 2 1 1 . 6 8 17.32
3.5" 6 .2 2 12.87 23.34
4.0 6 7.19 13.13

•5.06 8.48 14.91
6 .0 6 10.13 21.18
7.06 1 1 . 6 6 24.79ooo 12.95
9.0 6 19.66

“ Capillary tubing. 6 Standard tubing.

sumption rates than those obtained in Pyrex. 
During the time required to fill these tubes and 
carry out the combustion, a portion of the tube 
would dissolve in the mixture. Thus, data ob­
tained in these tubes were not considered valid 
because essentially a different mix was being 
burned. As an example of high thermal con­
ductivity material aluminum tubes were tried. 
Frequently the fuse wires would come in contact 
with the tube and short out prematurely; but some 
valid data were obtained from these tubes. The 
consumption rate in these tubes was two to three 
times higher than that obtained in Pyrex. This 
seemed quite reasonable since heat could be con­
ducted down the tube wall and heat up the liquid. 
Therefore, the liquid would be burning at an ef­
fectively higher ambient temperature. However, 
for this system this large increase in consumption 
rate would have to be due to the liquid burning at an 
effective ambient temperature of something like 
390°. It has been shown that the surface tempera­
ture of this system is approximately 190°2; hence,

it is unreasonable to say that heat conducted down 
the aluminum tube walls was able to heat the liquid 
to a sufficiently high temperature to produce the 
observed increase in consumption rate. Perhaps, 
some of the aluminum was dissolved and the salts 
produced had a catalytic effect on the burning 
process.

A search was made for tubes that would burn 
down as fast as the liquid was consumed. Many 
different combustible materials were tried but none 
seemed to work satisfactorily. For example, ballis­
tite tubes, approximately the same dimensions as 
the Pyrex tubes, were prepared and an inhibitor 
was applied to the inside and outside surfaces of 
the tube. This prevented the liquid from being 
absorbed into the ballistite and prevented the ballis- 
tite from dissolving in the liquid to produce ef­
fects similar to those obtained with bakelite tubes. 
The rate obtained with ballistite tubes was an in­
termediate between the ballistite burning rate alone 
and the rate of the liquid in Pyrex tubes. Since 
ballistite alone has a burning rate in the low pres­
sure region greater than that of the liquid this result 
was quite reasonable for the rate is a compromise 
on burning surface. The ballistite tube simply 
burns down ahead of the liquid, but the liquid flows 
over the edge of the ballistite tube and tends to 
increase its own burning surface and decrease the 
burning surface of the ballistite. In the turbulent 
region where the liquid burns faster than the ballis- 
t-ite, results were similar to those obtained in Pyrex 
tubes. To be successful, it would be necessary to 
use a solid whose burning rate is slightly less than 
that of the liquid at all pressures and the pressure 
coefficient for the solid and the liquid would have 
to be very nearly the same, so that there would be 
no cross over in the burning rate curves of the two 
materials. From these studies, it appears that 
tubes of an inert substance will give the correct 
consumption rate but combustible tubes or tubes 
that react with the system being burned will very 
likely give spurious consumption rate values.

NUCLEAR SPIN CONTRIBUTION TO THE LOW TEMPERATURE 
THERMODYNAMIC PROPERTIES OF IODINE, BROMINE AND CHLORINE

By H. W. D o d g e n  a n d  J. L. R a g l e

Contribution from the Department of Chemistry, The State College of Washington, Pullman, Washington
Received December 12, 1955

It is pointed out that sufficient data exist for exact calculation of nuclear spin contributions to the thermodynamic proper­
ties of some substances. At low temperatures these contributions form the major part of such properties. Sample calcu­
lations have been made from existing data for the cases of solid iodine, bromine and chlorine.

In 1924, two years before Uhlenbeck and Gouds- 
mit postulated the existence of electron spin, Pauli 
suggested that the nucleus itself might possess a 
spin angular momentum. Following this, Gibson 
and Heitler1 carried out a detailed statistical calcu­
lation, including possible nuclear spin effects, of the 
thermodynamic equilibrium constant for reactions 
typified by the dissociation of gaseous iodine.

(1) G. E. Gibson and W. Heitler, Z. Physi/c, 49, 465 (1928).

Giauque,2 in 1931, from consideration of existing 
heat capacity data for solid iodine, concluded that 
even at temperatures slightly below 10°K. the 
populations of possible spin states had already 
reached the high temperature equilibrium distribu­
tion. This implied that the spacing of any such 
levels was much less t ian thermal energy at this 
temperature in solid iodine.

(2) W. F. Giauque, J. Am. Chem. Soc., 53, 507 (1931).
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In the absence of external fields, the nuclear spin 
energy levels are 2 / +  1 fold degenerate, where I  
is the nuclear spin. This degeneracy may be par­
tially or completely removed by external electric or 
magnetic fields. Nuclei with spin greater than 
l/ 2 may possess an electric quadrupole moment and 
the electric field at such a nucleus in a solid sub­
stance caused by valence electrons and/or the crys­
talline electric field may cause partial lifting of this 
degeneracy and hence splitting into several levels 
whose number and spacing depend on the magni­
tude of the nuclear spin, the magnitude of the nu­
clear quadrupole moment, and the gradient of the 
electric field at the nucleus.3’4

Transitions between the levels thus produced 
were first observed about 5 years ago and have since 
been observed in several nuclear species and many 
different solid compounds. Those observed so far 
lie in the short-wave region of the radio frequency 
spectrum. It is the purpose of this paper to call 
attention to the fact that nuclear spin contributes 
to the equilibrium thermodynamic properties of 
many substances in an accessible temperature 
range. In this respect, R. V. Pound has pointed 
out that significant nuclear alignment of I 127 should 
occur in IC1 at accessible temperatures.

In the case of solid iodine (J =  5/2) the electric 
field at the nucleus causes splitting into three lev­
els: mi =  ± 1 /2 , ± 3 /2 , ± 5/2, giving two absorp­
tion lines in accord with the selection rule Ami = 
±1 . The pure nuclear quadrupole spectrum of 
iodine has been observed by both Dehmelt5 and 
Pound.6 At 4°K. Pound found lines at 642.8 and
334.0 mcps., corresponding to the transitions mi =  
± 5 /2  ± 3 /2  and ±3/2-«-»- ± 1 /2 , respectively.
Pure quadrupole spectra have also been observed 
in solid bromine7 and chlorine.8 Both of these nu­
clei have spin 3/2, but natural samples contain two 
isotopic species, and therefore two lines are observed 
in each case. In bromine the observed frequencies

Temp., °K.
Fig. 1.— A, Cl2; B, Bi'2 ; C, Is.

(3) W. Gordy, W. V. Smith and R. F. Trambarulo, “ Microwave 
Spectroscopy, ’ John Wiley and Sons, Inc., New York, N. Y., 1953, p. 
269 ff.

(4) C. H. Townes and B. P. Dailey, J. Chem. Phys., 20, 35 (1952).
(5) H. G. Dehmelt, Naturwiss.. 17, 398 (1950).
(6) R. V. Pound, Phys. Rev., 82, 343 (1951).
(7) H. G. Dehmelt, Z. Physik, 130, 480 (1951).
(8) R. Livingston, J. Chem. Phys., 19, 803 (1951).

are 382.43 and 319.46 mcps. for Br79 and Br81, while 
in chlorine, lines are observed at 54.248 and 42.756 
mcps. for Cl36 and Cl37, respectively.

It is known that the nuclei in these cases should 
approximate assemblies of independent localized 
systems quite well.9 Because of the small number 
of possible energy levels, the nuclear partition func­
tions have simple forms, greatly facilitating nu­
merical work. Straightforward calculations yield 
the following results for the nuclear contributions to 
the heat capacities of these substances 
Iodine:

2R \ [h W e-W k T  +  +  r2),r « > '+ « ) / ‘ !']
Cv ~  T 2 }  [1 +  e ~ W kT -|- e - fc («+ « ) /* r ]

[hvie~hn/k T +  h {v i +  Je“ W n + » ) A r j  ) 
[1 -|- Q - h v i / k T  -j- Q - h i v i  +  v t i / k T Y  (

Bromine:
„  R i l .O K F i W e - W i r  0.9901! m ;e ± ' i / * i ’ |
Cv “  T2 j [1 +  e- W kT]2 +  [1 +  S

Chlorine:
p R  \ 3.016/iV362<ri«Ar 0.9840/iV372eWfcTq

2T 2 } [1 +  e W * f] !  +  [1 +  eW ir]>  \

(For bromine and chlorine the calculations are cor­
rected for the naturally occurring isotopic compo­
sitions.) The form of these curves is shown in 
Fig. 1.

Since dS =  Cv/T d T, by inspection of the figure 
one can see at what temperature nuclear contribu­
tions to the entropy become important. In the case 
of iodine an extrapolation of the experimental heat 
capacity data indicates a minimum at approxi­
mately 1°K., or within the region of practical ex­
perimental work. Pound has measured the ther­
mal relaxation time of iodine nuclei in solid iodine 
at 4°K. and finds it to be of the order of seconds. 
Thus it is possible that at lower temperatures the 
attainment of thermal equilibrium would be a prob­
lem in any actual experimental work.

Since the relative populations of these levels in 
iodine become strong functions of temperature 
below 0. l°Iv., measurement of the relative intensi­
ties of the two absorption lines might serve as a 
temperature measuring device in this region, pro­
viding that the experimental difficulties could be 
worked out. In other iodine compounds, where 
the splitting may not be so great, the population 
change with temperature would become important 
only at lower temperatures, and thus by using dif­
ferent compounds of iodine, this scheme could be 
applied in different temperature regions below 
0.1 °K. The region of usefulness for crystalline 
iodine would be between about 4 X 10~3°K. and 
0.1°K.

Acknowledgment.— The authors would like to 
express their appreciation to Dr. J. H. Wagner, 
who carried out some of the numerical calculations 
for iodine.

(9) For instance, it can be shown that nuclear magnetic dipole - 
dipole interactions only become important in iodine at temperatures 
much lower than those considered here.
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VAPOR PRESSURE AND DIELECTRIC CONSTANT OF DIBORANE1
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The vapor pressure of diborane is represented by the equation logic Pmm = 6.9681 — 674.82/ (T  — 15.02), (108°K. <  T <  
150°K.) and logic Pmm =  6.61885 — 583.120/(T — 24.63), (150°K. <  T  <  181 °K ) . The boi ing point of diborane is 180.63 ±  
0.02°K., and the heat of vaporization at the boiling point, as calculated from the vapor pressure equation, is 3,413 cal./mole. 
Two melting points were found for diborane: 108.14 ±  0.02°K. and 108.30 ±  0.02°K. The first value is probably that of 
a metastable phase. No phase transitions were observed in the solid. Diborane is non-polar, and the dielectric constant of 
the liquid is represented by the equation e  =  2.3721 — 0.002705.7'.

Introduction
The vapor pressures of diborane previously pub­

lished2-4 are reported with an accuracy of 1%. The 
present work was undertaken to obtain precise val­
ues for the vapor pressure of diborane, and to inves­
tigate the use of dielectric constant measurements 
in establishing phase transitions in the solid state.

Experimental
Apparatus.— The dielectric constant-vapor pressure cell 

(Fig. 1) was constructed from a cylindrical copper block 
(A) 6.4 cm. in diameter hy 19 cm. long. In the center of 
the block a hole 1.07 cm. in diameter contained the cell 
proper. The cell consisted of a copper cylinder (C) (12.2 
cm. long, 0.92 cm. o.d. and 0.80 cm. i.d.) supported by glass 
spacers on a copper rod (B) 0.63 cm. in diameter. The 
wire (D) to the “ hot” cylinder passed through insulated 
terminals (E) and out of the cell. The inner surfaces of the 
cell were silver plated and polished before assembly. Ap­
proximately 6 ml. of liquic was required to fill the cell to the 
point where addition of more liquid did not change the 
capacitance.

The cell was mounted in an assembly similar to that used 
in a Nernst type calorimeter including an upper block with 
shield and an auxiliary block through which all heater and 
thermocouple leads passed. The assembly was placed in a 
Collins helium cryostat, enabling measurements to be made 
at any temperature between 8°K. and room temperature.

The sample inlet tube was connected to a gas handling 
system, to a vacuum system, and to a manometer made of 
2.2 cm. precision bore tubing maintained at 30 ±  0.1°.

The temperature of the cell was determined with copper- 
constantan thermocouples“ which had been calibrated against 
the Ohio State helium thermometer. A Schering type bridge 
(General Radio Type 716-C) was used to determine capaci­
tance and dissipation factor. Measurements were made in 
the frequency range 1-200 kilocycles.

Calibration of the Capacitance Cell.— The capacitance of 
the cell was found to be 82.11 yu/xF. at room temperature, 
using benzene (« =  2.2747 at 25 °)6 as a standard.

The capacitance of a condenser consisting of two coaxial 
cylinders is given by the relation

c  =  0.24161 
logio n/rj

where l is the length of the cylinders and r, and r2 are their 
radii. Therefore the only effect of temperature on the ca­
pacitance would be due to the change in length of the cylin­
ders. With the cell used, which is made up of two such 
simple condensers, the length of the central cylinder is the 
determining factor. Taking the average linear coefficient 
of expansion of copper as 12.6 X 1 0 per degree between 0

(1) Presented at the New York meeting of the American Chemical 
Society, September, 1954.

(2) A. Stock and E. Kuss, Ber., 56, 789 (1923).
(3) John T. Clarke, E. B. Rifkin and H. L. Johnston, Am. Chem. 

Soc., 75, 781 (1953).
(4) E. B. Rifkin, E. C. Kerr and H. L. Johnston, ibid., 75, 785 

(1953).
(5) The thermocouples were supplied by the Cryogenic Laboratory 

of The Ohio State University through tiie courtesy of Professor T. R. 
Rubin.

(6) A. S. Brown and E. W. Abrahamson, J. Chem. Phye.. 19, 1226
(1951).

and 300°K., and as 15.9 X 10-6 per degree between 80 and 
300°K.,7 7 8 9 10 11 12 the calculated capacitance of the empty cell was 
81.83 wrF. at 20°K ., and 81.85 mmF. at 80°K. The cell 
capacitance was assumed to vary linearly with temperature 
above 80°K.

The dielectric constant of liquid and solid oxygen was 
determined to check the cell calibration and the sensitivity 
of the dielectric constant method for the detection of phase 
transitions.

The oxygen was prepamd by electrolysis between plati­
num electrodes of 20% K 3H  solution. The evolved oxy­
gen was passed through tubes containing KOH pellets, CuO 
at 450°, amalgamated Cu burnings, and M g(0104)2. It was 
collected in a trap cooled with liquid N2, and then distilled 
into the dielectric constant cell which was held at 60°K. 
About one ml. more oxygen than that required to give a 
constant capacitance reading was condensed in the cell. 
On cooling, the oxygen usually first formed a glass,8 then 
abruptly crystallized at about 40°K. The cell was then 
warmed to the melting point of oxygen to permit liquid to 
fill the voids produced when the glass crystallized. After 
cooling to 10°K., measurements were made as the tempera­
ture was increased.

Breaks in the dielectric constant-temperature curve were 
observed at temperatures corresponding to the two known 
solid-solid phase transitions of oxygen and at the melting 
point. The transition temperatures observed were a —>■ 13 
23.68 ±  0.02°K., /5 -  7 43.81 ±  0.02°K ., and 7 liquid, 
54.38 ±  0.02°K., in excellent agreement with those re­
ported by Giauque and J chnston.9 There are large errors 
in the absolute magnitudes of the dielectric constants ob­
tained as this type of cell could not be completely filled with 
solid. However, abrupt changes in the dielectric constant 
were always observed at temperatures corresponding to the 
phase transitions.

The empirical equation
e =  1.6751 -  1.698 X  10_3T -  4.00 X lO ^ T 2 3 (1)

fits the ten observations between 54.4 and 89.9°K. made on 
liquid oxygen with an average deviation of ± 0 .0002. 
These values average 0.0032 unit higher than those reported 
by Werner and Keesom10 jn oxygen containing 2.4%  nitro­
gen. After correcting for the error due to the nitrogen, out­
values are 0.005 unit higher.

A sample of tank electrolytic hydrogen was liquefied, dis­
tilled, and the middle fraction retained for use.

The empirical equation
e =  1.2688 +  3.96 X  10~lT -  1.12s X 10- 4 5T2 (2)

fits the eight observations between 13.8 and 20°K. made of 
the dielectric constant of liquid hydrogen with an average 
deviation of ±0.0003. These values agree with those re­
ported by Werner and Keesom11 with an average deviation 
of ±0.0008 unit, but are 3.0025 unit higher than those re­
ported by Guillien.12

It is possible that our values for e —1 may be high by as 
much as 1% . Since Werner and Keesom used the same cell 
for their measurements on both oxygen and hydrogen, and 
since the oxygen used by bhem was known to be impure, we

(7) M. Wolfke and H. K. Cnnes, Leiden Comm., 171b.
(8) W. Wahl, Proc. Roy. See. (London), A 88, 61 (1913).
(9) W. F. Giauque and H. L. Johnston, J. Am. Chem. Soc., 51, 2300 

(1929).
(10) W. Werner and W. H. Keesom, Leiden Comm., 178«.
(11) W. Werner and W. H. Keesom, ibid., 178a.
(12) R. Guillien, Rev. sci., 77, 575 (1939).
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Fig. 1.— Dielectric constant-vapor pressure cell: A, copper 
block; B, copperrod; C, copper cylinder; D, “hot'’ lead; E, 
insulated terminals; F, thermocouple well; G, heating wires; 
H, Kovar-glass seal.

do not feel justified in correcting the cell calibration on the 
basis of the results obtained.

The temperature scale was checked further by observation 
of the vapor pressure of hydrogen and oxygen and the sub­
limation pressure of carbon dioxide. Above 20°K ., the 
observed and calculated temperatures did not differ by more 
than ± 0 .02°K.

Preparation of Diborane.—Diborane was prepared by the 
reaction of lithium aluminum hydride with boron trifluoride 
etherate in_ ethyl ether, using the method described by 
Shapiro, Weiss, Schmich, Skolnik and Smith.13 The di­
borane prepared in this way appeared to be contaminated 
with small amounts of ethyl ether which were not removed 
by simple fractionation. The procedure was revised to use 
boron trifluoride tetrahydrofuranate with tetrahydrofuran 
as the solvent. While much lower yields were obtained, 
the diborane was purer. In the first trial (Series I), ap­
proximately 5 ml. of liquid diborane was prepared, which 
was sufficient for vapor pressure measurement, but was not 
enough to fill the cell for dielectric constant work. The 
second trial (Series II) gave 11 ml. of liquid diborane and 
the middle fraction of 6.5 ml. was used for the measurements.

Results
Melting Point of Diborane.—The melting point 

(Series I) was 108.28°K., and the temperature at 
which half the solid was melted was 108.26°K. 
This gave 108.30°K. as the melting point of pure 
diborane, and a sample purity of 99.9 mole per 
cent. Since there is a 10% decrease in the dielec­
tric constant of diborane in going from solid to 
liquid, the fraction melted could be readily ob­
tained from the change in cell capacitance, even 
though the cell was not completely filled. Of fifteen 
determinations of the melting point on the second

(13) I. Shapiro, H. G. Weiss, M. Schmich, Sol Skolnik and G. B. L. 
Smith, J. Am. Chem. Soc., 74, 901 (1952).

sample (Series II), only one agreed with the value 
found previously. The other measurements gave a 
sharp melting point at 108.14°K. The indicated 
purity was 99.95 mole per cent., based on the frac­
tion melted vs. temperature curves. It is believed 
that diborane can exist in two solid phases, a stable 
phase melting at 108.30°K., (in agreement with 
the value reported by Clarke, Rifkin and Johnston3) 
and a metastable phase melting at 108.14°K. 
Attempts to determine the conditions by which 
metastable phase could always be converted to the 
stable phase were unsuccessful. No indications of 
phase transitions in the solid diborane were ob­
served.

Vapor Pressure of Diborane.—-The vapor pres­
sure results are reported in Table I. The data of

T a b l e  I
V a p o r  P r e ssu r e  o f  D ib o r a n e

Temp.,
°K. Series P  obsd Scaled*

Pobsd —
P  caled

*loglo p.mm — 6.9681 -  674.82/(T - 15.02) (3)
108.22 I 0.53 0.53
108.37 II 0.54 0.55 - 0.01
108.76 I 0.58 0.59 - 0.01
113.07 I 1.25 1.22 + 0 .0 3
115.10 II 1.68 1.68
117.89 I 2.59 2.56 + 0 .0 3
119.90 II 3.46 3.42 + 0 .0 4
124.40 I 6.34 6.29 + 0 .0 5
125.02 II 6.76 6.81 -0 .0 5
130.12 II 12.74 12.74
131.81 I 15.66 15.49 + 0 .1 7
135.12 II 22.39 22.35 + 0 .04
140.00 I 37.38 37.04 + 0 .3 4
140.11 II 37.55 37.45 + 0.10
145.03 II 60.04 59.93 + 0.11
147.00 I 71.99 71.63 + 0 .36

*logio Pmm = 6.61885 -  583.120/(T - - 24.63) (4)
150.03 II 93.28 93.28
154.07 I 130.49 129.99 + 0 .50
155.40 II 144.46 144.45 + 0.01
160.00 II 204.82 204.76 +  0.06
160.42 I 211.62 211,14 + 0 .4 8
165.14 II 294.55 294.33 + 0.22
166.90 I 331.61 331.26 + 0 .3 5
170.01 II 405.89 405.36 + 0 .5 3
172.90 I 485.47 485.31 + 0 .16
175.04 II 552.40 552.05 + 0 .35
178.87 I 688.25 689.05 -0 .8 0
179.94 II 732.04 731.63 + 0 .41
180.66 11 761.83 761.42 + 0 .41

Series II were used to determine the constants in 
the equations

log« pmm =  6.9681 -  y  _  -(5 Q2

(108°K. <  T  <  150°K) (3)
and

logio Pmm =  6.61885 — y _  2 4  6 3

(150°K. <  T <  181 °K.) (4)
A single equation of this type did not fit the data 
accurately over the entire temperature range. 
Other types of equations were tried but they gave
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less satisfactory agreement with the data than the 
one used above.

At 180°K, dp/drI' =  42 mm. per degree, so an 
error of ±0.01° in temperature gives rise to an er­
ror of 0.84 mm. in the vapor pressure. With a few 
exceptions, all the data obtained can be represented 
by the equations given zo the accuracy with which 
the temperature had been determined.

In determining the vapor pressure of diborane, 
the diborane in the manifold and manometer sys­
tem was frozen out with liquid nitrogen several 
times during the course of a series of measurements 
and the residual pressure measured. The observed 
pressure was corrected for this residual pressure 
due to the decomposition of the diborane. In no 
case did the correction exceed the experimental er­
ror due to errors in the measurement of tempera­
ture..

The values are about 2.5 mm. higher (at 185°K.) 
than those reported by Clarke, Rif kin and John­
ston,3 and 9 mm. lower (at 180°K.) than those re­
ported by Rifkin, Kerr and Johnston.4 They 
agree with the results of Stock and Kuss2 to within 
the experimental error of their temperature meas­
urement.

Boiling Point and Heat of Vaporization of Di­
borane.—The calculated boiling point is 180.63 ±  
0.02°K. This compared to the value 180.32°K. 
reported by Clarke, Rifkin and Johnston3 and
180.6 ±  0.2°K. reported by Rifkin, Kerr and 
Johnston4 based on vapor pressure data good to 
1%. The boiling poini is given as 180.63°K. by 
Rossini.14

The heat of vaporization of diborane was calcu­
lated using the equation

A H  =  RT2 d In p 
~dT~

f i  , 9 ° r .  / ,  _  62V\ _  P T W ] 
L 'r  i28P cr  V r 2 /  RT  \

(5)

with values for Tç =  16.7°C. and P c =  581 p.s.i.a. 
as given by Newkirk.15 The heat of vaporization at 
180.63° was calculated ~o be 3,413 cal./mole, in ex­
cellent agreement with "he observed value reported 
by Clarke, Rifkin and Johnston.3 Two values 
(3412 and 3422 cal./mole) were quoted in this arti­
cle.

Dielectric Constant of Diborane.— The dielectric 
constant of liquid diborane is given for various 
temperatures in Table II, and can be represented 
by the equation

e =  2.3721 -  0.002765„r (6 )
with an average deviation of ±0.05% . The 
Clausius-Mosotti function (e — l) /(e  +  2) (I/d)

(14) F, D. Rossini, “ Selected Values of Chemical Thermodynamic 
Properties,”  Natl. Bureau of Stds. Circular 500, p. 721.

(15) A. E. Newkirk, J. Am. Chem. Soc., 70, 1978 (1948).

T a b l e  I I

D ie l e c t r ic  C o n st a n t  of L iq u id  D ib o r a n e
Temp., « -  1 1

°K. Cobsd <ca!cdfl Density(d) « +  2 d
108.26 2.0735 2.0727
108.37 2.0724 2.0724
115.10 2.0529 2.0538
119.90 2.0397 2.0405
120.12 2.0400 2.0399
125.02 2.0255 2.0264
129.96 2.0131 2.0127
130.12 2.0118 2.0123
135.12 1.9978 1.9985
139.80 1.9866 1.9855
140.11 1.9841 1.9847
145.03 1.9705 1.9710 0.4800(L)17 0.5089
149.89 1.9587 1.9576 ,4736(L) .5114
150.03 1.9567 1.9572 ,4736(L) .5105
155.40 1.9418 1.9424 .4666(L) .5120
160.00 1.9307 1.9297 ,4606(L) .5141
160.00 1.9291 1.9297 .4606(L) .5134
165.14 1.9157 1.9154 ,4540(L) .5151

.4527(S)16 .5166
170.01 1.9013 1.9020 .4477(L) .5160

.4477(8) .5160
170.26 1.9020 1.9013 .4474(L) .5167

.4475(S) .5166
175.04 1.8879 1.8881 ,4427(S) .5159
179.94 1.8741 1.8745 .4377(S) .5155
180.66 1.8725 1.8725 .4370(S) .5156
“ From equation 6 .

was calculated using the values for the density of 
diborane given by Stock, Wiberg and Mathing16 for 
d =  0.4371 +  1.0115 X 10" 3 (180.6 -  T)

(165°K. <  T <  180°K.) (7)
the temperature range 165-168°K. and by Lauben- 
gayer, Ferguson and Newkirk17 for the temperature 
d =  0.3140 -  0.001296CC.;

(145°K. <  T <  170°K.) (8 )
range 140-170°K. Since diborane is non-polar, it 
is expected that the Clausius-Mosotti function 
would be a constant. The function is constant 
through the temperature range where Stock’s den­
sity equation is valid (average value, 0.5160) but 
apparently decreases with decreasing temperature 
through the temperature range where Laubengay- 
er’s density data were used. Although the two sets of 
data agree well where they overlap, it is suspected 
that the lower temperature density data of Lauben- 
gayer may be in error by a little over 1%.

The molar polarization is 14.29 cc.
(16) Equation of A. Stock, E. Wiberg and W. Mathing, Ber., 69, 

2811 (1936).
(17) Equation of A. W. Laubengayer, R. P. Ferguson and A. E. 

Newkirk, J. Am. Chem. Soc.t 63, 559 (1941).
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DIELECTRIC CONSTANT AND VAPOR PRESSURE OF PENTABORANE1
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The melting point of pentaborane is 226.41 ±  0.02°K. Liquid pentaborane has a high dielectric constant ranging from 
21 at room temperature to 53.1 at the melting point. Pentaborane is a highly polar substance, with an apparent dipole 
moment varying between 3.37 debyes at room temperature to 4.54 debyes at the melting point. In the temperature range 
130-140°K. there is a sluggish solid-solid transition which may be accompanied by the onset of free rotation in the solid. 
The vapor pressure of pentaborane is given by the equation logio Pmm =  9.96491 — (1951.14)/T — 0.0036884T in the tem­
perature range 226-298°K.

Introduction
Dulmage and Lipscomb2 estimated the dipole 

moment of pentaborane to be 0.6 debye unit. Later 
calculations by Eberhardt, Crawford and Lipscomb3 
gave 5.23 debyes as the maximum value, and 1.7-
2.0 debyes as the more probable value of the dipole 
moment. An experimental value of 2.13 debyes in 
the gas phase was reported by Hrostowski, Myers 
and Pimental4 from measurements in the micro- 
wave region.

These results indicated that liquid pentaborane 
would have a high dielectric constant. The appara­
tus previously developed5 was therefore used to in­
vestigate this substance.

Experimental
Apparatus.— The apparatus described previously5 was 

used without modification, except that in some cases it was 
necessary to place a standard capacitance in series with the 
experimental cell in order to bring the measured capacitance 
within the range of the bridge. This reduced the precision 
of the dielectric constant measurements to ± 2 % .

Purification of Pentaborane.—Pentaborane was frozen 
in a trap cooled with Dry Ice-acetone mixture and was 
maintained under vacuum for 18 hours to remove volatile 
impurities. A middle fraction of 6.5 ml. from a total sample 
of 15 ml. was used for the measurements reported.

Results
Melting Point of Pentaborane.—The melting 

point was found to be 226.41 ±  0.02°K, and the 
purity as determined from fraction melted vs. 
temperature curves was 99.9+ mole per cent. 
Johnston, Kerr, Clarke and Hallett6 found the 
melting point to be 226.34°K., and Rossini7 quotes 
a value of 226.3°K.

Dielectric Constant of Liquid Pentaborane.—
The observed values of the dielectric constant for 
pentaborane are given in Table I. The dielectric 
constant at room temperature is 21 (compared to 
25 for ethyl alcohol, 34 for methyl alcohol, and 
81 for water) and increases rapidly with decreasing 
temperature to a maximum value of 53.1 at 
the melting point. The values reported are the 
averages of observations made at 200, 100 and 50 
kc. The individual values did not differ by more

(1) Presented in part at the New York meeting of the American 
Chemical Society, September, 1954.

(2) W. J. Dulmage and W. N. Lipscomb, J. Am. Chem. Soc., 73, 
3539 (1951).

(3) W. H. Eberhardt, B. Crawford, Jr., and W. N. Lipscomb, 
J. Chem. Phys., 22, 989 (1954).

(4) H. J. Hrostowski, R. J. Myers and G . C. Pimental, ibid., 20, 
518 (1952).

(5) H. E. Wirth and E. D. Palmer, T h is J o u r n a l , 60, 911 (1956).
(6) H. L. Johnston, E. C. Kerr, J. T. Clarke and N. C-. Hallett, 

ibid., 60, in press (1956). (An advance copy of this publication was 
supplied the authors through the courtesy of Prof. H. L. Johnston).

(7) F. D. Rossini, Natl. Bureau of Standards Circular 500, p. 721.

than 2%. The specific resistance, as calculated 
from the observed dissipation factor at 50 kc., 
varied from 2 X 106 ohm cm. at 297°K. to 4 X 
106 ohm cm. at 226.4°K. The Onsager8 equation

(e — n2)( 2e +  n2) AirN¡m,2 ,0 ,
*{n2 +  2)2 9kT 1 1

(where e is the dielectric constant, n  is the “ internal 
refractive index,”  N  is the number of molecules per 
cc., po is the permanent electric moment, 1c is Boltz-

T a b l e  I
D ie l e c t r ic  C o n st a n t  of L iq u id  P e n t a b o r a n e

Temp.,
°K. Series (obsd.)

Density,9
g./oo. v'

e - 1 1
6 - f  2 ~d

226.4 i 53.1 0.682 9.33 1.386
226.4 i i 53.1 .682 9.33 1.386
230.0 i i 50.0 .678 8.85 1.390
237.0 i 45.5 .673 8.13 1.393
240.0 i i 42.6 .670 7.61 1.393
247.0 i 39.2 .665 7.11 1.394
254.0 i 35.7 .659 6.55 1.397
261.0 i 32.6 .653 6.06 1.399
268.0 i 29.7 .648 5.57 1.396
273.0 i 28.0 .644 5.30 1.398
278.0 i 26.4 .639 5.04 1.400
280.6 i i 25.1 .637 4.82 1.396
283.0 i 24.9 .635 4.80 1.399
288.0 i 23.6 .631 4.59 1.399
288.3 i i 22.9 .631 4.46 1.394
292.0 i 22.6 .628 4.42 1.397
292.3 i i 22.0 .628 4.31 1.392
296.0 i 21.6 .625 4.25 1.397
297.1 i i 20.9 .624 4.13 1.392
298.0 i 21.1 .623 4.17 1.397

mann’s constant, and T is the absolute tempera­
ture) permits the calculation of the dipole moment 
from measurements made on a liquid. Böttcher10 
and Phadke, Gokhale, Phalnikar and Bhide11 have 
shown that application of this equation to unas­
sociated liquids gives results in excellent agreement 
with measurements made with dilute solutions or 
gases. The ordinary refractive index (no) was used 
by these authors. With associated liquids (water 
and alcohols) the values obtained were uniformly 
higher than obtained by other methods.

(8) L. Onsager, J. Am. Chem. Soc., 58, 1486 (1936).
(9) Calculated from the equation

d =  0.8674 -  0.00082T (1)
given by S. H. Smith, Jr., and R. R. Miller, ibid., 72, 1452 (1950).

(10) C. J. F. Böttcher, Physica, 6, 59 (1939).
(11) S. R. Phadke, S. D. Gokhale, N. L. Phalnikar and B. V. Bhide. 

J. Indian Chem. Soc., 22, 235 (1945).
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The apparent dipole moment of pentaborane, 
calculated from the measured dielectric constant 
and index of refraction at 24° (no =  1.4445) is 3.41 
debye units.

Wyman12 showed that if the polarization per 
gram, defined by the relation

p '  =  (e +  l) /8 .5 d  (3)

is plotted against the reciprocal of the absolute 
temperature, a straight line should be obtained. 
From the slope of this line the dipole moment may 
be obtained

M = 0.0127 y j M  debyes (4)

where M  is the molecular weight. The intercept on 
the ordinate axis is the sum of the atomic and elec­
tronic polarizations, which can also be obtained 
from the index of refraction.

Values of p' are given in Table I and are plotted 
in Fig. 1 against the reciprocal of the absolute tem-

Fig. 1.— Polarization per gram of liquid pentaborane vs. 
reciprocal of the absolute temperature.

perature. It is evident that p' is not a linear func­
tion of l/T, and that a considerable curvature is re­
quired if the intersection on the ordinate axis is to 
equal the polarization as obtained from the index of 
refraction. The slope of the line A, drawn from p' 
corresponding to the highest temperature (298°K.) 
to the intercept, gives a calculated value of 3.37 
debyes for the dipole moment, which agrees, as it 
must, with the value calculated by use of the Onsa- 
ger equation. The slope of line B, drawn through 
p' corresponding to the lowest temperature 
(226.4°K.), gives an apparent dipole moment of 
4.54 debyes. Line C is drawn with a slope corre­
sponding to the dipole moment of 2.13 debyes found 
in the gas phase.

(12) J. Wyman, Jr., J. Am. Chem. Son., 58, 1482 (1930).

The Clausius-Mosotti function, (e — l)/(e  2)
(1 /d), given in Table I is unexpectedly constant. 
The average value (1.395) gives a molecular polari­
zation of 88.0 cc. for the liquid, as compared to a 
molar refraction of 26.9 cc. calculated from the in­
dex of refraction.

Dielectric Constant of Solid Pentaborane, and 
the Solid Phases.— On freezing pentaborane the 
dielectric constant drops rapidly, and becomes ap­
proximately 3 at 200°K. In Fig. 2 the dielectric

Frequency, kcycles.
Fig. 2.—Dielectric constant of solid pentaborane at various 

temperatures as a function of the frequency.

constant of solid pentaborane is given as a function 
of the frequency for several temperatures. Below 
130°K. the dielectric constant is independent of 
frequency.

The behavior in the temperature range 130- 
140°K. is shown in Fig. 3. Curve I was obtained

Temp., °K.
Fig. 3.— Dielectric constant of solid pentaborane in the 

temperature range 130-140°K.

on slowly cooling the solid pentaborane. Dotted 
lines indicate that the sample was held at .constant 
temperature for the time shown on the graph. 
Curve II was obtained on warming the sample. At 
137.0°K. there are indications of a slow change; 
at 137.7°K. the change is much faster. Curve III 
was obtained on continuous heating at a rate of 3° 
per hour.

Johnston, Kerr, Clarke and Hallett6 reported 
similar effects in the heat capacity of pentaborane 
in the temperature range 130-140°. The cooling 
curve was normal down to 131 °K. At this tem­
perature, if the calorimeter was isolated, the tem­
perature rose rapidly to 132°, and reached 
132.84°K. after 11 hours. The temperature could
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be then increased to 136.7° without evidence of 
any transition. At 136.7° a transition of the order- 
disorder type occurred. This behavior is attrib­
uted to the onset of free rotation.

Dulmage and Lipscomb13 give the structure of 
the high temperature (140-226°K.) form of penta- 
borane as body centered tetragonal (C94v — 14 mm.), 
a =  7.16 A., c =  5.38 A., with two molecules per 
unit cell and a calculated density of 0.761 g./cc. 
King and Russell14 of this Laboratory have found 
that below 130°K. the X-ray powder pattern agrees 
with that of a simple tetragonal cell with a =  10.33 
A., c = 10.11 A., having eight molecules per unit 
cell and a calculated density of 0.778 g./cc. They 
have observed that if one considers the high tem­
perature form in its face centered tetragonal orien­
tation (a =  10.13 A., c = 5.38 A.) the c-axis of the 
low temperature form is slightly less than double 
that of the high temperature form, and the a-axis 
is slightly larger. This, they suggest, indicates 
that the transition may involve a decrease in rota­
tion which imposes the observed change in the 
symmetry.

From this it may be concluded that the observed 
behavior in the temperature range 130-140°K. can 
be explained on the basis of a sluggish first-order 
transition. In the low temperature form there is no 
free rotation, but in the high temperature form some 
free rotation is possible. The most convincing evi­
dence for the onset of free rotation is the increase in 
dielectric constant on going from the low tempera­
ture form to the high temperature form despite the 
density decrease which accompanies this transition. 
Since there is only a slight shift in molecular posi­
tions involved in the transition, it is possible that 
the heat of transition is small, and the heat effects 
observed by Johnston, Kerr, Clarke and Hallett6 
are due primarily to the entropy increase associated 
with the onset of free rotation in the high tempera­
ture form.

The dispersion in the dielectric constant of solid 
pentaborane above 140°K. is in agreement with the 
observations of Errerà16 who found that solids con­
sisting of polar molecules show this anomalous dis­
persion. Wintsch16 determined the dielectric con­
stant and angle of dielectric loss for ice in the tem­
perature range —50 to —6°. While the effects he 
found for the dielectric constant were much greater 
(i.e., at —6° and 1000 cycles the dielectric constant 
of ice is 90% of the liquid value), the general shape 
of his curves is the same as was found for penta­
borane (Fig. 2).

On the other hand, the loss angle is quite differ­
ent in the two cases. Wintsch found an increase of 
loss angle with increasing frequency for ice at —6, 
— 10 and — 200, and a maximum around one kilocycle

(13) W . J. Dulmage and W . N . Lipscomb, Acta Cryst., 6, 260
(1952).

(14) A . J. King and V. Russell, private communication.
(15) J. Errerà, J. phys., [6] 5, 304 (1924).
(16) H . Wintsch, Helv. Phys. Acta., 5, 126 (1932).

at —40 and —50°. In pentaborane a minimum in 
the dissipation factor (tangent of loss angle) at 
about one kilocycle was found at low temperatures; 
this minimum was displaced toward higher frequen­
cies as the temperature was increased so that at 
temperatures just below the melting point the dissi­
pation factor decreased with increasing frequency 
throughout the frequency range studied.

An attempt was made to interpret the behavior 
of solid pentaborane by the method of Debye17 in 
terms of a relaxation time (r) which would be much 
greater for a solid than for a liquid, but no value of 
t  could be found which would represent ‘ he data at 
a single temperature, and its variation with temper­
ature was not as great as would be expected.

A key to an interpretation might be the observed 
abrupt changes in dissipation factor and dielectric 
constant observed in scanning the frequency spec­
trum. The dissipation factor varied by as much as 
a factor of two with small changes in frequency. 
These “  blips” were observed at all temperatures and 
at frequencies above fifteen kilocycles, but became 
increasingly evident as the melting point was ap­
proached. Since the frequency is much too low to 
affect molecules, the absorption might be due to 
large groups of molecules rotating under the influ­
ence of the applied field (domain structure).

Vapor Pressure of Pentaborane.— The vapor 
pressure of pentaborane in the temperature range
226.4-298°K. is given in Table II, and can be 
represented by the equation

1Q51 14
logic =  9.96491 -  -  4—  -  0.0036884T (5)

The values are in excellent agreement with those 
reported by Johnston, Kerr, Clarke and Hallett.6

T a b l e  II
V a p o r  P r e s s u r e  o f  L i q u i d  P e n t a b o p .a n e

Temp.,
°K .

Pmn
Obsd. Caled.®

P obsd 
P caled 

(mm.)

226.41 (m.p.) 3.26 3.25 + 0.01
237.02 7.19 7.22 -0 .0 3
247.03 14.31 14.30 + 0.01
254.07 22.28 22.37 -0 .0 9
261.04 33.72 33.70 + 0.02
267.97 49.74 49.58 + 0 .16
272.99 64.77 64.67 + 0.10
278.08 83.57 83.71 -0 .1 6
283.05 106.39 106.57 -0 .1 8
287.98 134.10 134.11 - 0.01
288.27i 135.77 135.90 -0 .1 3
292.00 160.68 160.66 + 0.02
292.166 161.96 161.80 + 0 .16
293.73 173.55 173.34 + 0.21
296.04 191.19 191.51 -0 .3 2
297.84 206.85 206.72 + 0 .13

“ Calculated from equation 5. 
rate sample.

b Check values on a sepa-

(17) P . Debye, “ Polar Molecules,”  Dover Publications, New York, 
N . Y ., 1945, p. 105.
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Heat capacity measurements were made on methyl palmitate and on palmitic acid in the temperature range 14 to 300°K. 
The calculated entropies at 298.16°K. were 118.33 ±  0.35 and 108.12 ±  0.22 cal. (mole degree)-1, respectively.

Introduction
The polymorphism of soaps and other long-chain 

compounds is one of their most distinctive charac­
teristics. As part of a program designed to study 
the phase relationships of palmitic acid, methyl 
palmitate and sodium palmitate, it seemed advis­
able to determine the heat capacities and entropies. 
This paper presents the results for palmitic acid 
and methyl palmitate.

Materials and Procedure
A mixture of methyl esters containing primarily palmi­

tate and stearate was prepared by methylating Procter and 
Gamble Triple Pressed Stearic Acid. The esters were 
hydrogenated at 180°, using Raney nickel catalyst. The 
iodine number was found to be less than 0.2. The esters 
were fractionated in a four-foot column patterned after the 
design of Weitkamp and Brunstrum.2 A low pressure drop 
was achieved by the use of Stedman packing. Contamina­
tion of the product by stopcock grease was minimized. A 
closely regulated manostat kept the pressure nearly constant 
at 2 mm. The take-off assembly was designed so that 
small samples could be collected and characterized. The 
product used was the best fraction of the third successive 
distillation. The setting point, the highest temperature 
reached upon slow solidification of the melt, was found to 
be 29.59°. The purity of this sample is believed to have 
been about 99.7%.

Sodium palmitate was prepared by saponification of the 
previously purified methyl palmitate with an excess of so­
dium hydroxide. The soap was extracted with ether and 
converted to palmitic acid by treatment with 20% H2S04. 
The palmitic acid was washed until neutral and dried under 
high vacuum. The purity was tested by a procedure 
similar to that described by Taylor and Rossini.3 The 
freezing point was found to be 62.65° and the purity, 99.8%. 
The results gave 62.68° as the freezing point of pure pal­
mitic acid. The impurity probably was predominantly 
stearic acid.

The apparatus and procedure have been described pre­
viously.4 Samples were loaded into a copper calorimeter 
given the laboratory designation Solid Calorimeter No. 5.

The weight of the palmitic acid sample was 43.282 g. 
The sample was obtained by crystallization from the melt 
and was therefore of the form called phase “ C ”  by Francis 
and Piper.6 X -Ray analysis confirmed the identification 
of phase. The molecular weight was taken to be 256.42. 
The methyl palmitate was melted into the calorimeter. 
Its weight was 59.822 g. The molecular weight was taken 
to be 270.44. Electrical energy in terms of International 
Volts and Ohms was converted to Defined Calories by divid­
ing by 4.1833. All weights were reduced to vacuum.

Results
The first series of measurements on methyl palmi­

tate was made ten days after solidifying the sample.
(1) Department of Chemistry, Syracuse University, Syracuse, N. Y.
(2) A. W. Weitkamp and L. C. Brunstrum, Oil and Soap, 18, 47 

(1941).
(3) W. J. Taylor and F. D . Rossini, J. Research Natl. Bur. Stand­

ards, 32, 197 (1944).
(4) (a) H. L. Johnston, F. T. Clarke, E. B. Rifkin and E. C. Kerr, 

J. Am. Chem. Soc., 72, 3933 (1950); (b) H. L. Johnston and E. C. 
Kerr, ibid., 72, 4733 (1950).

(5) F. Francis and S. H, Piper, ibid., 61, 577 (1939).

The second series was made 26 days later. The last 
series, beginning at 280°K., was made after ten 
more days. Results are given in Table I. Ther­
modynamic functions derived on the basis of a 
smooth curve are shown in Table II. The extrapo­
lation to 0°K. was carried out by use of the func­
tion Cp/T.

T a b l e  I

H e a t  C a p a c i t y  o f  M e t h y l  P a l m i t a t e

Mean Heat Mean Heat
temp., capacity, temp., capacity,

°K. cal. (mole deg.) °K. cal. (mole deg.) 1
Series I Series II

66.67 33.31 13.80 2.76
74.54 37.43 15.49 3.30
82.83 41.17 18.32 4.64
91.60 44.64 21.30 6.26

101.27 47.96 23.53 7.54
111.95 54.80 25.61 8.77
122.55 54.72 27.98 10.18
133.31 57.76 30.99 12.17
144.05 60.68 34.15 14.29
151.86 62.58 37.15 16.32
164.91 66.26 40.52 18.32
176.37 69.12 44.47 20.80
186.77 71.94 48.88 23.50
196.27 74.63 53.54 26.41
205.27 77.29 59.75 30.08
215.17 79.97 65.72 32.85
224.46 82.91 100.50 47.58
233.67 86.44 107.90 50.04
244.82 88.86 115.51 52.47
253.56 93.12 Series III
263.29 97.39
272.56 102.01 280.36 104.54

281.31 105.79 285.86 107.26
291.34 110.58
296.66 112.86

The palmitic acid results are shown in Table III.
Thermodynamic functions based on a smooth curve 
are shown in Table IV.

The heat capacity results in the liquid hydrogen 
range may be in error by as much as 2%. In the 
range 80 to 200°K. the error is probably about 
0.2%, increasing to about 0.5% near room tempera­
ture. These uncertainties contribute to the en­
tropy at 298.16°K., an error of about 0.3% in the 
case of methyl palmitate and about 0.2% for pal­
mitic acid.

Our data are about one calorie per degree mole 
lower than those of Parks and Kelley.6

Some difficulty was encountered in drawing the 
curve through the palmitic acid points in the region

(6) G. S. Parks and K. K. Kelley, ibid., 47, 2089 (1925).
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T a b l e  II
T h e r m o d y n a m i c  F u n c t i o n s  f o r  M e t h y l  P a l m i t a t e

- ( f °  -  H o 0),
Cp, s° -  So°, T
cal. , cal. Ii°  — Ho°, cal.

T,
°K.

(mole 
deg.) ->

(mole 
deg.) _1

cal.
(mole)

(mole 
deg.) ->

20 6.49 2.91 38.2 1.00
40 17.69 10.46 270.5 3.70
60 30.09 20.11 754.2 7.54
80 39.62 30.16 1457.8 11.94

100 47.56 39.91 2334.6 16.56
120 53.96 49.14 3349.9 21.22
140 59.59 57.88 4485.7 25.84
160 64.93 66.18 5729.4 30.37
180 70.14 74.12 7080.1 34.79
200 75.66 81.80 8537.4 39.11
220 81.74 89.29 10110 43.33
240 88.26 96.67 11809 47.47
260 96.05 104.04 13650 51.54
273.16 101.80 108.92 14952 54.18
280 104.88 111.47 15658 55.55
298.16 113.40 118.33 17639 59.17
300 114.27 119.03 17849 59.53

T a b l e  III
H e a t  C a p a c i t y  o f  P a l m i t i c  A c id

Heat Heat
Mean capacity. Mean capacity,
temp., cal. (mole temp., cal. (mole°K. deg.) °K. deg.) _1

Series II Series III
74.83 34.75 64.27 30.26
79.52 . 36.99 68.84 32.19
84.71 39.02 74.38 34.71
89.39 40.54 81.58 37.60
94.56 42.00 89.04 40.23
99.62 43.79 95.99 42.53

101.80 44.24 102.42 44.44
106.82 45.67 108.88 46.53
112.28 47.42 116.69 48.76
117.79 48.86 Series IV
124.18 50.43
130.84 52.28 14.91 1.94

136.99 53.77 16.59 2.68
137.71 54.04 18.59 3.36
144.14 55.78 21.32 4.56
150.65 57.67 24.51 6.43
157.71 59.59 28.03 8.62
164.99 61.26 32.09 11.15
172.22 62.66 36.60 14.04
179.98 64.71 41.86 17.39
187.98 66.95 4.7.37 20.72
196.09 68.94 52.92 24.00
196.22 69.16 58.94 27.68
204.55 71.69 65.57 31.13
213.00 74.10 Series VII
221.74 76.34 264.14 91.78
230.32 79.10 271.46 95.74
239.12 82.08 277.64 98.52
247.22 84.87 283.01 101.12
254.62 87.67 289.41 104.51
255.16 87.71 295.80 108.40
263.08 91.53 301.60 111.89
271.69 95.62
280.19 100.97
287.47 103.77
295.56 108.62
302.12 113.12

T a b l e  IV
T h e r m o d y n a m i c  F u n c t i o n s  f o r  P a l m i t i c  A c id

Cp,
cal.

£ ° -  So°, 
cal. H° -  Ho°,

~ (F °  -  Ho°), 
T
cal.

T, (mole (mole cal. (mole
°K. deg.) _1 deg.) - i (mole) -I deg.) “ >

20 4.00 1.69 23.6 0.51
40 16.19 8.04 221.2 2.51
60 27.97 16.89 665.6 5.80
80 36.96 26.24 1319.8 9.74

100 43.72 35.24 2129.1 13.95
120 49.39 43.73 3062.0 18.11
140 54.68 51.74 4102.3 22.44
160 59.81 59.38 5247.9 26.58
180 64.82 66.71 6493.6 30.63
200 70.27 73.82 7843.7 34.60
220 75.91 80.78 9305 38.48
240 82.27 87.64 10885 42.29
260 89.96 94.52 12604 46.04
273.16 96.25 99.12 13828 48.50
280 99.78 101.54 14499 49.76
298.16 110.10 108.12 16401 53.11
300 111.28 108.80 16604 53.45

140 to 180°K. Several points lie slightly above 
the smooth curve, which might indicate a very 
small anomaly. The maximum effect involved is 
about 12.5 cal./mole. It seemed more likely, how­
ever, that this irregularity is to be ascribed to ex­
perimental error, and the best smooth curve was 
drawn through the points. Both curves show up­
ward inflections at about 170°K. This is very prob­
ably due to the gradual onset of molecular rotational 
freedom. A similar effect has been observed in nor­
mal hydrocarbons by Finke, Gross, Waddington 
and Huffman.7 Plots of the specific heat of methyl 
palmitate and palmitic acid vs. the reduced tem­
perature (actual temperature divided by the melt­
ing temperature) are practically identical with the 
similar plot for n-hexadecane given by these au­
thors. The onset of the increase in slopes of these 
curves occurs at a value of the specific heat of about 
0.3 cal. deg.-1 g.-1, and at a reduced temperature of 
0.7.

The lower members of the fatty acid series are 
known to form hydrogen bonds. It seems probable 
that hydrogen bonding occurs also in palmitic acid. 
Crystal structure data indicate that palmitic acid 
forms monoclinic crystals, made up of double lay­
ers of molecules with the carboxyl groups in juxta­
position.8 The data are not sufficient to show the 
orientation of the carboxyl groups with respect to 
one another. It may be that two molecules dimer­
ize through the formation of two hydrogen bonds. 
If this is the case, there are two possible positions 
for each dimer with respect to its neighbors. It 
seems likely that such disorder would persist to the 
lowest temperature and would contribute R In 2 to 
the entropy of a mole of dimer. This would repre­
sent an entropy of y 2 R In 2, or 0.69>cal. degree-1 
mole-1 of palmitic acid in addition to the entropy 
found experimentally. There are other possible 
ways in which the molecules may be hydrogen 
bonded, leading to smaller entropy contributions.

(7) H. L. Finke, M. E. Gross, Guy Waddington and H. M. Huff­
man, J. Am. Ckem. Soc., 76, 333 (1954).

(8) A. Muller and G. Shearer, J. Chem. Soc., 123, 3156 (1923).
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The dielectric constant of hydrous 0 - and o-sodium palmitate is practically constant for water contents between 0 and 
3%. Above 3%  water the dielectric constant increases rapidly with increasing water content, and becomes frequency 
dependent. This increase in dielectric constant is far greater than would be expected from a simple mixture, and is at­
tributed to presence of mobile sodium ions in the water which is weakly adsorbed by the soap.

On the basis of vapor pressure and dilatometric 
studies, McBain, Void and Johnston2 concluded 
that curd sodium palmitate and sodium oleate can 
contain up to nearly one mole of combined water 
per mole of soap at 25°. McBain and Lee8 found 
that at 90° anhydrous sodium palmitate takes up 
1-2% of water by physical absorption and then 
suddenly forms a hemihydrate which again takes 
up water until another phase forms. Ferguson, 
Rosevear and Nordsieck1 found a sharp break in the 
vapor pressure over hydrous ^-sodium palmitate at 
2.5% water content at 27°.6 Below this water 
content the vapor pressure decreased to practically 
zero at 0.2% water. Since there was no “ flat”  indi­
cating equilibrium between a hydrate and anhy­
drous soap, and since the X-ray patterns showed 
only minor and continuous variation through the 
range 0.2-2.5% water, it was concluded that in this 
range water is present in interstitial solid solution 
in the /3-phase. Milligan, Bushey and Draper,6 on 
the basis of dehydration isobars, found that «-so­
dium palmitate is a hemihydrate in agreement with 
the results of Buerger,7 whereas the beta, delta and 
omega crystalline phases of sodium palmitate are 
not definite hydrates.8 Void, Grandine and Schott9 
state that the nature of the changes in the X-ray 
diffraction pattern found for water contents below 
3% suggest that the water is present in solid solu­
tion rather than as a stoichiometric hydrate.

The present work was undertaken to see if dielec­
tric studies on sodium palmitate of low moisture 
content would reveal anything of the nature of the 
binding of the water present.

(1) Department of Chemistry, Syracuse University, Syracuse, 
New York.

(2) J. W. McBain, M. J. Void and S. A. Johnston, J. Am. Chem. 
Soc., 63, 1000 (1941).

(3) J. W. McBain and W. W. Lee, Ind. Eng. Chem., 35, 784 (1942).
(4) R. H. Ferguson, F. B. Rosevear and H. Nordsieck, J. Am. 

Chem. Soc., 69, 141 (1947).
(5) It is now believed that the method used for water analysis 

(weight loss in 45 min. at 150°) gives low results. Private com­
munication from F. B. Rosevear.

(6 ) W. O. Milligan, G. L. Bushey and A. L. Draper, T h is  J o u r n a l , 
55, 44 (1951).

(7) M. J. Buerger, Proc. Natl. Acad. Sci., U. S., 28, 529 (1942); 
M. J. Buerger, L. B. Smith, A. DeBretteville, Jr., and F. V. Ryer, 
ibid., 28, 526 (1942).

(8) The phase designations used by Milligan, and also in this 
paper, are those of R. H. Ferguson, F. B. Rosevear and R. C. Still­
man, Ind. Eng. Chem., 35, 1005 (1943).

(9) R. D. Void, Joseph D. Grandine, 2nd, and Hans Schott, T h is 
J o u r n a l , 56, 128 (1952).

Experimental
Materials.— 0 -Sodium palmitate was supplied by the 

Procter and Gamble Co. It was prepared by cooling a 
homogeneous neat soap containing 30% H20  to 70°, tem­
pering at 70° for 24 hr., cooling to room temperature and air 
drying. This material was extracted with ether to remove 
non-saponifiable material and excess palmitic acid. The 
extracted material contained about 3%  H20 . Palmitic 
acid regenerated from the sample melted at 62.38°, com­
pared with the calculated melting point (Rossini’s method) 
of 62.68° for pure palmitic acid obtained in this Labora­
tory. 10 The calculated purity is 98%. Samples with 
water content greater than 3%  were prepared by rehydrat­
ing the extracted material. Lower moisture contents were 
obtained by dehydration in a vacuum desiccator, or by ex­
traction with ether over sodium.

5-Sodium palmitate was obtained by cooling a 4%  solu­
tion of the sodium palmitate quickly from 100 to 0°. The 
gel obtained was dehydrated at room temperature to the 
desired water content. X-Ray powder patterns of repre­
sentative samples were taken and interpreted for us by Dr.
F. B. Rosevear of the Procter and Gamble Co.

Preparation of Cakes for Dielectric Constant Measure­
ments.—The powdered samples were allowed to equilibrate 
for at least a week, and usually for several months, before 
being pressed into cakes. The powdered sample was placed 
in a stainless steel die 2 in. in diameter. Prior to introduc­
tion of the sample, tin foil (0.0005 in. thick) was attached 
to the inner face of each piston by means of a thin layer of 
petrolatum. The die was placed in a hydraulic press, and a 
pressure of 16,000 p.s.i. was applied. A vacuum of ca. 1 
mm. of mercury was maintained on the sample in the die be­
fore applying the pressure in order to eliminate air pockets. 
Cakes of uniform thickness (±0.0025 in.), having firmly 
adhering tin foil top and bottom surfaces were obtained. 
The cakes were allowed to stand for at least a week before 
measurements were made.

Determination of Dielectric Constant.—A Schering bridge 
(General Radio Type 716-C) was used to make the capaci­
tance measurements. The cell was patterned after one de­
signed by Hartshorn and Ward1 1 and modified by Venable 
and Kinn, 1 2 and had plates 2 in. in diameter. The cell was 
maintained at a temperature of 30.0 ±  0.1°. The capaci­
tance of the system was determined for frequencies between 
0.1 and 200 kilocycles with the cake in the cell. The cake 
was removed and the upper plate adjusted by means of a 
micrometer to give a plate separation equal to the average 
thickness of the cake (excluding the tin foil). The capaci­
tance was then redetermined. From these data, and the 
calculated capacitance of the empty cell, the dielectric con­
stant of the sample was obtained. The dielectric constants 
so obtained are in error by less than 1  %  for cakes containing 
less than 3%  water, as estimated from the variation in ob- 10 11 12

(10) H. E. Wirth, J. R. Droege and J. H. Wood, ibid., 60, 917 
(1956).

(11) L. Hartshorn and W. H. Ward, J. Inst. Elect. Eng., 79, 597 
(1936).

(12) D. Venable and T. P. Kinn, “ Industrial Electronics Reference 
Book, Westinghouse Electric Corp.,”  John Wiley and Sons, New 
York, N. Y., 1948, pp. 409-410.
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served dielectric constant using cakes of the same moisture 
content but of different thicknesses.

After measurement, each cake was analyzed for water 
content by drying at 108° for 20-50 hours. This method 
cheeked against dehydration at 1 1 0 ° under 1 0  ~ 6 mm. mer­
cury pressure within ± 0 .0 2 % .

Results and Discussion
The results obtained are given in Fig. 1. The di­

electric constant of /3-sodium palmitate is constant 
(2.61 ±  0.02) for moisture contents between 1.38 
and 3.00%, and is independent of the frequency be­
tween 0.1 and 100 kilocycles. The dielectric con­
stant of 5-sodium palmitate increases from 2.51 at 
0.15% H20  to 2.60 at 2.95% moisture content, and 
is also frequency independent. In both cases, above 
2.95 (±0.05) %  water, the dielectric constant in­
creases rapidly with increasing moisture content, 
and becomes frequency dependent. The curves for 
the frequency dependence of beta sodium palmitate 
are given in Fig. 2. A similar set of curves was ob­
tained for 5-sodium palmitate. It was observed 
that the angle of dielectric loss was also strongly 
frequency dependent (tan 5 = 0.9 at 200 cycles, 
0.02 at 200 kilocycles in the sample of /3-sodium

Water, %.
Fig. 1.—Dielectric constant of /S- and 5-sodium palmitate 

as a function of water content.

Fig. 2.—Dielectric constant of jS-sodium palmitate as a func­
tion of frequency for various water contents.

palmitate with 4.10% H20, as compared to tan 5 = 
0.02 at 100 cycles and 0.004 at 200 kilocycles for 
2.87% H20).

Between 0 and 3% water content, the water is 
firmly bound to the sodium palmitate, and makes no 
contribution to the dielectric constant. \rorakso, 
Grudkova and Mischenko13 showed that addition of 
water to crystalline salts of strong electrolytes did 
not change the dielectric constant of salts forming 
hydrates, whereas a marked change was observed 
even at low moisture contents when non-hydrate 
forming salts were used. The upper limit of the 
constant value of e is very close to the theoretical 
composition of the hemihydrate (3.14% H20), so it 
is possible that the hemihydrate does exist. Other 
interpretations, such as strongly adsorbed water, or 
solid solution of water in the soap crystal, are not 
excluded.14

An increase in dielectric constant with increase 
in water content similar to that found here above 
3%  water has been observed with gelatin,15 
leather,16 proteins and amino acids,17 lac18 and with 
plastics and solid dielectrics.

The most satisfactory explanation of these ef­
fects was made by Murphy and Lowry,19 who pos­
tulate the existence of adsorbed ions on crystallites 
which in the presence of adsorbed water move on the 
surface of the crystallite when a field is applied, but 
cannot move from one crystallite to another. The 
effect observed can be interpreted readily on this 
basis. Above 3% water content, the water is weakly 
adsorbed by the soap,14 and provides a medium in 
which the sodium ions are free to move under the 
influence of an applied field. Since the soap supplies 
its own ions, the effect is much larger than when due 
to foreign ions that may be accidentally introduced 
into the system. The relatively free movement of 
the sodium ions in the weakly adsorbed water makes 
a large contribution to the dielectric constant of the 
bulk material, particularly at low frequencies. The 
relatively long time of transit results in a phase lag 
in the a.c. conduction current, accounting for the 
large angles of dielectric loss observed at low fre­
quencies. As the frequency of the field is increased, 
the ions move shorter distances, and the apparent 
dielectric constant will decrease.

Acknowledgment.— We wish to thank the Proc­
ter and Gamble Company for a fellowship which 
supported this work, and for generously providing 
samples.

(13) Kh. I. Vorakso, L. I. Grudkova and K. P. Mischenko, J. Appl. 
Chem. (U.S.S.R.), 12, 981 (1939).

(14) For a further discussion, see: H. E. Wirth and W. L. Kosiba, 
T h is  J o u r n a l , 60, 923 (1956).

(15) M. Fricke and E. Parker, ibid., 44 , 716 (1940).
(16) E. C. Compton, J. Am. Leather Chem. Assn., 39, 74 (1944); 

C. E. Weir, J. Research Natl. Bur. Standards, 48, 349 (1952).
(17) S. T. Bayley, Trans. Faraday Soc., 47 , 509 (1951).
(18) G. N. Bhattacharya, Current Sci. {India), 16, 117 (1947).
(19) R. J. Murphy and H. H . Lowry, T his Journal, 34, 598 

(1930).
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PHASE T R A N S IT IO N S  IN  S O D IU M  P A L M IT A T E  
B Y  D IE L E C T R IC  C O N STAN T M E A S U R E M E N TS

B y  H e n r y  E. W ir t h 1 an d  W illiam  W . W ellm an  
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The first-order “genotypic” transition in sodium palmitate, first reported by Thiessen and co-workers, has been shown to 
be due to the presence of palmitic acid impurity in their samples. Definite changes in dielectric constant are associated 
with the crystal-subwaxy, subwaxy-waxy, waxy-superwaxy, and superwaxy-subneat transitions in anhydrous sodium 
palmitate. The temperatures at which these transitions occur are 117.8, 137, 162 and 206°, respectively.

Thiessen and Ehrlich2 first reported a transition 
(the “ genotypic”  transition) in NaP and in NaSt3 
at temperatures close to the melting point of the 
parent fatty acid. Dilatometric curves for NaP and 
NaSt showed abrupt changes in slope, and certain 
lines in the X-ray pattern of NaP disappeared be­
tween 62 and 80°. Later, Thiessen and v. Klenck4 
found an abrupt change in dielectric constant 
(see Fig. 2 (1)) and a change in the optical double 
refraction of NaP. Heat effects of the order of 200 
calories per mole were found for NaMy, NaP and 
NaSt, indicating a definite first-order transition. 
Void6 was unable to detect any heat effect in anhy­
drous NaP, NaMy, NaL, NaSt and NaOl atthegeno- 
typic temperature. Later Void6 found a change in 
slope of the dilatometric and differential calorimetric 
curves at 71°, and concludes that the genotypic 
point is a transition of the second order. Gallay 
and Puddington7 were unable to detect a genotypic 
effect by differential thermal analysis, but did find 
some evidence of a change in slope of the dilato­
metric curve. Sutton3 was unable to find the geno­
typic effect in NaSt in a calorimetric study, but 
did find a discontinuity in the heat capacity just 
below 70° in an impure sample containing pyrolysis 
products. Chesley9 detected a transition in NaP 
at 67° by X-ray methods. Rosevear10 states that 
in low moisture content /3-NaP, the outermost ring 
of the group of five strong short spacing rings 
gradually weakens above 45-50°, and disappears 
at 60-65°.

It was of interest to restudy the dielectric be­
havior of low moisture content of NaP to see if 
Thiessen’s data could be reproduced, and also to 
see what could be learned of other phase transi­
tions of the anhydrous NaP by means of dielectric 
measurements.11

(1) Department of Chemistry, Syracuse University, Syracuse, New 
York.

(2) P. A. Thiessen and E. Ehrlich, Z. physik. Chem., B19, 299 
(1932).

(3) P — palmitate, St =  stearate. M y =  myristate, L =  laurate, 
01 =  oleate.

(4) P. A. Thiessen and J. v. Klenck, Z. physik. Chem., A174, 335 
(1935).

(5) R. D. Void, J . Am. Chem. Soc., 63, 2915 (1941).
(6) R. D. Void, T h is  J o u r n a l , 49, 315 (1945).
(7) W. Gallay and I. E. Puddington, Can. J. Research, B21, 202 

(1943).
(8) J. W. Sutton, Ph.D. thesis, Stanford University, 1948.
(9) F. O. Chesley, J. Chem. Phys., 8, 642 (1940).
(10) F. B. Rosevear, private communication.
(11) The various high temperature phases of anhydrous NaP, 

and their transition temperatures observed by previous workers are
Crystal-Subwaxy: 125° (a), 117° (b), 117° (c), 117° (d), 114° (e)
Subwaxy-Waxy: 135° (b), 135° (c), 138° (d), 135° (e)
Waxy-Superwaxy: 172° (c)

Experimental
Hydrous /3-sodium palmitate was prepared as described in 

a previous paper. 1 2 Anhydrous «-sodium palmitate was 
prepared by drying the hydrous /3-phase at 120°, and cooling.

The cakes for the experiment on the genotypic transition 
were prepared as described in the previous paper, except 
that a thin layer of rubber cement was placed on the inner 
surface of the tin foil, and dried, before being pressed on the 
soap cake. The tin foil was found to separate from the soap 
cake during temperature cycling unless this was done. It 
was shown that the layer of cement did not affect the ob­
served dielectric constant. For the higher temperature ob­
servations on anhydrous «-sodium palmitate tin foil was 
not used, but the pressed cakes were sprayed on each side 
with silver conducting paint and baked at 120° for 24 
hours to remove the paint solvent.

Cell.—The cell for the dielectric constant measurements 
is shown in Fig. 1 . It was designed to give good contact 
with the soap cake, and was immersed in a silicone oil- 
bath whose temperature could be maintained constant to 
within ±0 .01° in the range 25-200°.

Fig. 1 .— Cell used for, dielectric constant measurement on 
sodium palmitate.

Capacitance Measurements.— For these experiments, the 
heterodyne beat method was used. The circuit developed 
by Hudson and Hobbs1 3 was used without change. The 
frequency was controlled by a quartz crystal, frequency * 12 13

Superwaxy-Subneat: 195° (a), 208° (b), 208° (c), 205° (d), 209° (e)
Subneat-Neat: 255° (a), 253° (b), 253° (c), 257° (d), 237° (e)
Neat-Nigre: 297° (a), 292° (b), 295° (c), 290° (d), 292° (e).

(a) R. D. Void, F. B. Rosevear and R. H. Ferguson, Oil and Soap, 
16, 48 (1939); (b) R. D. Void and M . J. Void, J. Am. Chem. Soc., 61, 
808 (1939); (c) R. D. Void, Soap and Sanitary Chemicals, June (1946); 
M. J. Void, J. Am. Chem. Soc., 63, 160 (1941); (d) Chesley (ref. 9); 
(e) Void (ref. 5).

(12) H. E. Wirth and W. W. Wellman, T h is  J o u r n a l , 60, 921 
(1956).

(13) B. E. Hudson, Jr., and M. E. Hobbs, Rev. Set. Instruments, 13, 
140 (1942).
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498.8 kilocycles. A General Radio standard condenser 
(Type 722-D) was used. All components except the meas­
uring cell were enclosed in an air thermostat maintained at 
85 ±  0.5°. The cell was mounted rigidly to a support on 
the thermostat enclosing the measuring apparatus.

Fig. 2.— Changes in the dielectric constant of sodium 
palmitate as a function of temperature. Decrease in con­
denser reading corresponds to an increase in dielectric con­
stant. (1) Results of Thiessen and v. Klenck4; (2A) 
0-sodium palmitate originally containing 3.07% H20  (heat­
ing period 8  days, cooling period 11 days); (2B) 0-sodium 
palmitate originally containing 2.85% H20  (heating period 
7 days, cooling period 7 days); (3) anhydrous «-sodium 
palmitate (heating period 2  days, cooling period 2  days); 
(4) 0 -sodium palmitate plus 5%  palmitic acid (3% H20) 
(heating period 6  days, cooling period 1 1  days).

dium palmitate (3.07 and 2.85% H20) and one 
sample of anhydrous w-sodium palmitate were in­
vestigated in the temperature range 30-85°. While 
the exact magnitude of the change reported by 
Thiessen and v. Klenck4 is in doubt, as condenser 
readings only are reported, it was felt that the ef­
fect must have been large, as the apparatus used 
was not of high sensitivity.

Our results (Fig. 2 (2,3)) show slight variations 
in dielectric constant on heating in the case of the 
hydrous ^-samples, but relatively little change on 
cooling. No effect was observed with anhydrous 
w-sodium palmitate. The small changes observed 
with the hydrous samples may be due to a slight 
dehydration on heating, which could not be pre­
vented, or may accompany the variation in X-ray 
pattern observed by Rosevear.10 In any case, there 
is no evidence for a first-order transition of the type 
reported by Thiessen and v. Klenck.4

It has been observed in this Laboratory14 that 
the dielectric constant of palmitic acid shows an in­
crease at the freezing point on cooling from the 
melt. It was suspected that the sample used by 
Thiessen may have been contaminated, so a sample 
of sodium palmitate containing 5% of palmitic acid 
was made up. Water was added to bring the water 
content up to 35%, the mixture was annealed at 
70° for 25 hours and then air-dried to give 3% H20. 
This treatment gave the beta phase.

T a b l e  I
Transition

temp., Order of
°C. transition

117.8 First order (?)
137 ?
162 First
206 First

Temperature, °C.
Fig. 3.— Changes in the dielectric constant of anhydrous 

sodium palmitate as a function of temperature. Decrease 
in condenser reading corresponds to an increase in dielectric 
constant.

Results and Discussion
There is no information as to the phase or mois­

ture content of the sodium palmitate sample used 
by Thiessen and v. Klenck4 so two samples of /3-so-

Phase
Crystal
Subwaxy
Waxy
Superwaxy
Subneat

On heating this sample (Fig. 2 (4)) an increase in 
dielectric constant was observed at 66-67°, and a 
curve very similar to that of Thiessen and v. Klenck 
was obtained on cooling. It is therefore concluded 

that the first-order “ genotypic”  transition is 
due to the presence of palmitic acid as an im­
purity in the samples. On the basis of the 
heat effects observed by Thiessen and v. 
Klenck4 (230 cal./mole), it was calculated that 
the effects observed by him could be due to 
the presence of 1.5% palmitic acid as an im­
purity.

The results of capacitance measurements on 
anhydrous sodium palmitate in the temperature 
range 110-210° are given in Fig. 3. The ob­
served transition temperatures are summarized 
in Table I.

While the temperature at which the crystal 
phase transforms to the subwaxy is quite dis­
tinct, inability to obtain definite drift-free val­
ues for the dielectric constant in the subwaxy 
region makes it impossible to state definitely 
whether this transition is first or second order. 

The exact temperature and order of the subwaxy - 
waxy transition is in doubt for the same reason. 
The waxy state is characterized by a very steady

(14) G. W. Mays, Ph.D. Thesis, The Ohio State University, 1953.
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dielectric constant. The waxy-superwaxy transition 
is relatively sharp and therefore first order. The 
temperature is somewhat lower than that observed 
by Void110 (172 ±  2°) using the Bernal hot wire 
technique. In present work 5 days were taken to 
follow the temperature interval 159-166°, so it is 
felt that the lower value is more reliable.

The superwaxy-subneat transition is very strik­
ing when examined by this technique. The lattice 
starts to loosen at 180°, which accounts for the

range of values (195-209°) reported by other work­
ers.11 The temperature was assigned to this tran­
sition by approaching the transition point from both 
sides. This transition is accompanied by a marked 
change in the X-ray pattern.15

It was experimentally impossible to follow the 
measurements above 207°, as oscillations ceased 
in the variable frequency oscillator.

(15) H. Nordsieck, F. B. Rosevear and R. H. Ferguson, J. Chem. 
Phys., 16, 175 (1948).

IS O T H E R M A L D E H Y D R A T IO N  OF H YDR O U S S O D IU M  P A L M IT A T E la

B y  H en ry  E. W ir t h 111 and W alter  L. K osiba

Contribution from the Department of Chemistry, The Ohio State University, Columbus, Ohio
Received, December 17, 1955

Isothermal dehydration curves were obtained for «-sodium palmitate at 29.9 and 40.4°, and for 5- and «-sodium palmi­
tate at 29.9, 35.3, 40.4 and 45.6°. The samples had not been dehydrated previously. These phases showed sharp breaks 
in equilibrium pressure of water at water contents of 3.14 ±  0.05%. With w-sodium palmitate a gradual reduction in equili­
brium water pressure was exhibited between 1.8 and 2.5% water. The heat of interaction between liquid water and the soap 
phase below 3%  water content was 3200-3900 cal./mole of water for e-sodium palmitate and 2700-3100 cal./mole for the 
delta phase. Above 3%  H:0, the heat of interaction is 0-400 cal./mole of water. The results may be interpreted in terms 
of hydrate formation, strong adsorption, or solid solution of water in the anhydrous soap phase. A physical picture of the 
nature of the binding of water in low moisture soap phases is presented.

In a previous paper* 2 it was shown by dielectric 
constant measurements that the ¡3- and 5-phases of 
sodium palmitate contain up to 3% of strongly 
bound water.

The conflicting views as to the nature of the role 
of water in the low moisture phases of sodium palmi­
tate, and the differences between the results of Fer­
guson, Rosevear and Nordsieck3 and those of Milli­
gan and Draper4 on the equilibrium pressure of wa­
ter over hydrous soap systems has led to a reinves­
tigation of the behavior on dehydration of such sys­
tems, using hydrous scap samples which had not 
previously been dehydrated.

Apparatus and Materials
The apparatus consisted of a McBain-Bakr5 quartz 

spring balance and a mercury manometer which could be 
immersed in a thermostat. The quartz coils had sensitivi­
ties of 1.5 cm./lOO mg. to 2.1 cm./lOO mg. and bore a maxi­
mum load of 1 g. A two-tiered nickel bucket held 500-700 
mg. of sample. After assembly, the system was evacuated 
to a pressure of 1 0 “ 4 mm., while the sample was held at 
liquid air temperature. The Dewar of liquid air was re­
moved and the sample allowed to thaw gradually. The 
evacuated apparatus was then detached from the vacuum 
system, transferred to the constant temperature bath, and 
rejoined to the vacuum system. A cathetometer was used to 
measure the pressure in the system and the extension of the 
quartz coil.

A small amount of water vapor was removed from the 
system, and the measurements were repeated. At the con-

(la) Presented at the Buffalo meeting of the American Chemical 
Society, March, 1952.

(lb) Department of Chemistry, Syracuse University, Syracuse 10, 
N. Y.

(2) H. E. Wirth and W. W. Wellman, T his J o u r n a l , 60, 921 
(1956). (References to other work bearing on the nature of water in 
low moisture soap systems are given in this article.)

(3) R. H. Ferguson, F. B. Rosevear and H. Nordsieck, J. Am. Chem. 
S o c ., 69, 141 (1947).

(4) W. O. Milligan and A. L. Draper, T h is  J o u r n a l , 56, 123 
(1952).

(5) J. W. McBain and A. M. Bakr, J. Am. Chem. Soc., 48 , 690
(1926).

elusion of a run the sample was completely dehydrated by 
direct evacuation.

All runs were single dehydrations with the exception of 
two series at 40.4° where water was added after partial, and 
again after complete dehydration. /3-Sodium palmitate, 6 

prepared by cooling a homogeneous neat soap containing 
30% H ,0 to 70°, tempering at 70° for 24 hr., and then 
cooling to room temperature, was supplied by the Procter 
and Gamble Co. This material was extracted with ether 
to remove non-saponifiable matter and any excess palmitic 
acid. The palmitic acid regenerated from this sample 
melted at 62.38°. This compares with a calculated freezing 
point of 62.68° for pure palmitic acid obtained in this Lab­
oratory7 and indicates a purity of 98%.

On cooling to liquid air temperatures, /3-sodium palmitate 
containing 8-9%  H20  was found to convert to the «-modifi­
cation first reported by Buerger and co-workers.6b This 
phase was therefore the starting material for the dehydra­
tion studies.

The a-phase was prepared by precipitation of sodium 
palmitate from a 10% solution in 50% alcohol. X-Ray 
powder patterns showed it to be contaminated with an esti­
mated 5-10%  of 5-phase. 5-Phase was prepared by partial 
drying of the curd precipitated from a 3%  aqueous solution. 
No contamination by other phases was detected. The co- 
phase was prepared by heating dehydrated co-phase to 150° 
under vacuum for one hour. Water was sprayed onto this 
material and it was allowed to stand for several weeks in an 
attempt to form a hydrous co-phase. The product was 
found to be contaminated with some «-phase, which was 
unexpected since alpha had been previously obtained only 
by precipitation from alcoholic solution.

(6) The designations a, (3, 8 and w for the phases of sodium palmi­
tate used in this paper are thoss of R. H. Ferguson, F. B. Rosevear 
and R. C. Stillman [(a) Ind. Eng. Chem., 35, 1005 (1943)]. Other 
designations have been used by M. J. Buerger, L. B. Smith, F. V. 
Ryer and J. E. Spike, Jr. [(b) Proc. Natl. Acad. Sci., U. S., 31, 226 
(1945)], and by R. D. Void, J. D. Grandine, 2nd, and H. Schott [(c) 
T his Journal, 56, 128 (1952)]. The methods used in preparation 
of the various phases are given in sufficient detail to provide adequate 
identification of the phases used in this work. In addition, X-ray 
powder patterns of the initial phases, and final dehydration products 
were made and interpreted for us by Dr. F. B. Rosevear of the Procter 
and Gamble Co.

(7) H. E. Wirth, J. W. Droege and J. H. Wood, T h is J o u r n a l , 60, 
917 (1956).
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Results
Dehydration curves (pressure vs. water content) 

were obtained for a- and w-sodium palmitate at 
29.9 and 40.4°, and for «- and 5-sodium palmitate 
at 29.9, 35.3, 40.4 and 45.6°. Typical curves at 
40.4° are given in Figs. 1-4.
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SODIUM PALM ITATE 

40  A°C

0 1 2 3 4 5
h2o, %.

Fig. 1.— Dehydration curve for a-sodium palmitate 
(40.4°): starting material, alpha containing 5-10%  of 
5-sodium palmitate; dehydrated product, low moisture beta 
containing 5-10% of delta.
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Fig. 2 .— Dehydration curve for ai-sodium palmitate 
(40.0°): starting material, omega containing some alpha; 
dehydrated product, omega containing some low moisture 
beta.

From the curves for e- and 5-sodium palmitate, 
values of the pressure at 4.00, 3.5, 3.14, 3.00, 
2.50 and 2 %  HsO were estimated, and from plots 
of log p vs. 1/T the heat corresponding to the re­
action

ANaP-zH20 )8— >  <*>(NaP-zH20 )a +  H20(g) (1) 
was calculated. From these, the heats of wetting

CO(NaP-zH20 )8 +  H20(1) — a► co(NaP-a:H20 ). (2 )
T a b l e  I

%
h 2o

Atfx,
cal./mole 

(reaction. 1)
A ffs ,

cal./mole 
(reaction 2)

AHi,
cal./mole 

(reaction 1)
A//*,

cal./mole 
(reaction 2)

«-Sodium Palmitate 5-Sodium Palmitate
4 .0 0 10 ,800 -  400 10 ,400 0
3 .5 0 10 ,700 -  300 10 ,400 0
3 .1 4 1 4 ,300 - 3 , 9 0 0 13 ,100 - 2 , 7 0 0
3 .0 0 1 3 ,900 - 3 , 5 0 0 13 ,500 - 3 , 1 0 0
2 .5 0 13 ,600 - 3 ,2 0 0 1 3 ,200 - 2 , 8 0 0
2.00 1 4 ,1 0 0 - 3 , 7 0 0 1 3 ,200 - 2 , 8 0 0
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+  -  4TH DEHYDRATION
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Fig. 3.— Dehydration curve for e-sodium palmitate 
(40.4°): starting material, hydrous epsilon; dehydration
product, anhydrous epsilon (?). (The X-ray pattern of 
the anhydrous phase has an additional short spacing at 
d/n =  3.5 A., and a short spacing at d/n =  3.75 A. present 
in the hydrous sample has disappeared.) The first series 
started with a sample containing 4.45% FI2O; water was 
added to the system after the water content had been re­
duced to 3.34% to give the starting material for the second 
series; water was added after the water content was re­
duced to 3.16% to give the starting material for the third 
series; and water was added after complete dehydration to 
give the starting material for the fourth series.

60 -

SO -
m
X

2  40 -

sO
Ì

I-N
6

DELTA
SODIUM PALMITATE

40.4° C

O -  I8T DEHYDRATION 
• -2ND DEHYDRATION 
o  -  3 RD DEHYDRATION 
+ -4TH  DEHYDRATION

.+ A 0+0
Ha

.V

4* J _______ I________L
4 5 6
PER CENT H,0.

J_______ L_
T 8

Fig. 4.— Dehydration curve for 5-sodium palmitate 
(40.4°): starting material, hydrous delta; dehydration 
product, anhydrous delta. The first series started with a 
sample containing 9.0% H20 ; water was added to the sys­
tem after the water content had been reduced to 3.17%  
to give the starting material for the second series; water 
was added after the water content was reduced to 3.08%  
to give the starting material for the third series; and water 
was added after complete dehydration to give the starting 
material for the fourth series.

were obtained (Table I), assuming an average value 
of —10,400 cal./mole for the heat of liquefaction of 
water in this range.

Discussion
By X-ray analysis of single crystals, Buerger8 

has shown that the a-phase of sodium stearate and 
of sodium palmitate is a hemihydrate. This was 
confirmed by the isobaric dehydration experiments 
of Milligan, Bushey and Draper9 and by the iso-

(8) M. J. Buerger, (a) P to c .  Nat. Acad. Set., U. S., 28, 529 (1942); 
(b) Amer. Mineralogist, 30, 551 (1945),

(9) W. O. M illigan , G. L. Bushey and A . L . Draper, T h is  J o u r n a l , 
65 , 44 (1951).
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thermal dehydration results reported here (Fig. 1). 
The a-phase does not exhibit normal phase behav­
ior by giving an anhydrous phase in equilibrium 
with the hydrate for waier contents between 0 and 
3%, but decomposes into a low moisture /3 phase. 
Below about 2.5% H20, the dehydration curve 
(Fig. 1) represents the further dehydration of the 
low moisture beta phase. The a-phase does not 
reform reversibly on simply increasing the moisture 
content above 3%, although Buerger, et ed.,6a have 
carried out the conversion by heating in a sealed 
tube at 47°.

The ¡3-, 5-, e- and w-phases have not been prepared 
as single crystals, so the powerful method developed 
by Buerger6b cannot be used to solve the problem of 
the nature of the water present in these phases. 
Other methods must be used to indicate possible 
solutions for the problem.

The isothermal dehydration curve for 5-sodium 
palmitate (Fig. 2) is very similar to that obtained 
with the a-phase, in that the equilibrium pressure 
of water over the system changes abruptly as the 
water content approaches 3.14%. Below this water 
content, the equilibrium pressure decreases, but no 
phase transition takes place, and the dehydrated 
material retains the X-ray powder pattern charac­
teristic of the 5-phase. In the curves obtained at 
29.9, 35.3 and 45.6°, the abrupt change in the equi­
librium pressure of water also came at 3.14 ±  
0.05% H20, indicating no shift in this characteristic 
composition with temperature. Similar desorption 
isotherms were obtained by Milligan and Draper4 
for the 5-phase at 12 and 2°, except that the abrupt 
change came at higher moisture contents (approx.
3.3 and 3.7% H20, resp.). The heats of adsorption 
calculated by Milligan and Draper are much higher 
than were found here (Table I). The sorption iso­
therms of Milligan and Draper showed considerable 
hysteresis for moisture contents below the sharp 
break.

The dehydration curve for e-sodium palmitate at 
40° (Fig. 3) shows the same abrupt change in equilib­
rium pressure of water over the system as the wa­
ter content nears 3.14%. The break occurs at the 
same water content for observations made at 29.9,
35.3 and 45.6°. The change in X-ray pattern is 
more pronounced on complete dehydration, and the 
dehydration curve obtained on the rehydrated ma­
terial after complete dehydration may be due to 
lack of complete reversibility of this change.

The dehydration curve for the w-phase (Fig. 4) 
is similar to that obtained by Milligan and Draper.4 
The decrease in equilibrium water pressure is 
more gradual, and occurs at a lower water con­
tent.

There are three interpretations of the nature of 
the water present in low moisture soap phases: the 
water is present in a hydrate, the water is strongly 
adsorbed on the soap, or the water is in solid solu­
tion.

The hydrate theory is supported by the results 
presented here on the dehydration of the 5- and e- 
phases. A sharp break in the equilibrium water 
pressure over the system, the same as obtained in 
the case of the known alpha hydrate, is observed at 
a water content that agrees with the composition

NaCi6H3i0 2-1/ 2H20  within the experimental error. 
The heat effects observed below 3%  H20  (Table I) 
are of the magnitude that would be expected for 
hydrate formation. The dielectric constants of 
beta and 5-phases2 also show abrupt changes at this 
water content. However, the expected behavior of 
a constant equilibrium pressure at compositions be­
tween that of the hydrate and the anhydrous ma­
terial is not observed, and the X-ray pattern of in­
termediate compositions show continuous varia­
tion through this region, as was shown by Ferguson, 
Rosevear and Nordsieck3 for the /3-phase, and by 
Void, Grandine and Schott6c for other phases. These 
facts can be reconciled only by the rather strained 
hypothesis that in each case the anhydrous and 
hydrate phases are very similar in crystal structure, 
and the intermediate compositions represent solid 
solution of the two phases present.

Milligan and Draper4 have interpreted their re­
sults in terms of strong adsorption on plate-like 
crystals. They believe that there is some chemisorp­
tion, and calculated pore radii which they felt too 
small to be significant. This interpretation does not 
account for the abrupt change in dielectric constant 
and equilibrium pressure at 3%  water.

Void, Grandine and Schott60 postulate solid solu­
tion of water in the anhydrous phase to account for 
continuous variation in X-ray pattern up to 3%  wa­
ter. It would be necessary to assume that the up­
per limit of this solid solution always corresponds to 
the hemihydrate composition to explain our re­
sults.

Whatever words are used, it is believed that a 
clear physical picture of the nature of water present 
in soap phases can be developed. A crystalline 
soap phase formed in the presence of excess water 
will have one molecule of water held, probably by 
hydrogen bonding, to the polar ends of two soap 
molecules. This water will be present in the crystal 
planes containing the polar groups. For the a-phase, 
the crystal is considered to be true hydrate, but in 
the absence of single crystal X-ray data the other 
hydrous phases may be considered to have the wa­
ter present as hydrate, in solid solution, or strongly 
adsorbed without altering the real picture. Water 
over and above 3% will be weakly adsorbed by the 
soap.

As water is removed from the soap systems, the 
weakly adsorbed water is given up first, and then 
water is removed from the interior polar planes of 
the crystal. This may result in a complete break­
down of the crystal, as with the a-phase, or in a slight 
change in cell dimensions as with the other phases. 
Once the water has been removed, réintroduction of 
the water may not be easy, as the crystal must ex­
pand to accommodate the water molecules. This 
would explain the hysteresis effects observed by 
Milligan and Draper, and the fact that some of his 
phases did not strongly resorb 3% of water. This 
would also explain the behavior of the oj-phase, 
which can be prepared only by heating anhydrous 
soap above 120°. The crystal formed on cooling 
may be stronger than those formed in the presence of
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water, and it is impossible for water molecules to preciation to the Procter and Gamble Company 
expand the lattice enough for the full quota of water for the samples used in this work, and to Dr. 
to be taken up. F. B. Rosevear for taking and interpreting powder
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THE CONVERSION OF FIBRINOGEN TO FIBRIN. XVIII. LIGHT 
SCATTERING STUDIES OF THE EFFECT OF HEXAMETHYLENE 

GLYCOL ON THERMODYNAMIC INTERACTIONS IN FIBRINOGEN
SOLUTIONS1
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Light scattering studies of bovine fibrinogen at pH 6.2 in phosphate buffered sodium chloride solutions of ionic strength 
0.45 show that the addition of 0.5 M  hexamethylene glycol to the solvent composition is attended by effects undetected in 
earlier work. An apparent increase in molecular weight by about 7%  is attributed to binding, in a thermodynamic sense, 
of glycol or other solvent components by the protein; while increases in the molecular length and in the second virial coef­
ficient appear to be related to swelling of the protein molecule. The virial coefficient in the presence of the glycol agrees 
with that calculated for impenetrable molecules having the dimensions of fibrinogen. At pH 9.5 in salt-glycine buffer, 
even in the absence of thrombin, fibrinogen undergoes an aggregation reaction reversible, at least in part, by addition of 
hexamethylene glycol or by dilution. The assumption made in some earlier work, that the specific refractive index incre­
ment of a protein in aqueous solution is independent of concentration of salt and other components, is unsatisfactory; 
thus it is suggested that small changes in the increment with variations in solvent composition be determined from an 
appropriate form of the Gladstone-Dale mixture rule if accurate experimental data are not available.

I. Introduction
As one aspect of the interest attaching to fibrino­

gen in its singular role in the blood clotting process, 
fairly extensive studies of solutions of bovine fibrino­
gen by Rayleigh scattering have been carried out 
in this2 and other8'4 laboratories. The present 
investigation represents an extension of the earlier 
studies in that the scattering measurements com­
prehend a wider range of solute concentrations, 
sufficient for ascertaining deviations from thermo­
dynamic ideality. In this regard it was considered 
of interest to determine the effect, as reflected in 
thermodynamic quantities and molecular dimen­
sions, of the addition to fibrinogen solutions of 
hexamethylene glycol since this substance has been 
used to prevent the thrombin-catalyzed polymeri­
zation of fibrinogen from-going to completion.6'6 
Most of the previous work was carried out with 
solutions at pH in the vicinity of 6; and similar 
conditions were employed in the polymerization 
studies.6 Recently, however, the polymerization 
reaction occurring at pH 9.5 has been investigated 
by fight scattering7'3 and sedimentation8'9; and it 
was thus thought desirable to extend the earlier 
work on monomeric fibrinogen to this pH.

(1) This investigation was supported by the Office of Naval Re­
search, United States Navy, under Contract N7onr-28509.

(2) S. Katz, K. Gutfreund, S. Shulman and J. D. Ferry, J. Am. 
Chem. Soc., 74, 5706 (1952).

(3) C. S. Hocking, M. Laskowski, Jr., and H. A. Scheraga, ibid., 
74, 775 (1952).

(4) R. F. Steiner and K. Laki, ibid., 73, 882 (1951); Arch. Biochem. 
Biophys., 34, 24 (1951).

(5) S. Shulman and J. D. Ferry, T h is  J o u r n a l , 55, 135 (1951).
(6) J. D. Ferry, S. Shulman, K. Gutfreund and S. Katz, J. Am. 

Chem. Soc., 74, 5709 (1952).
(7) E. F. Casassa, J. Chem. Phys., 23, 596 (1955).
(8) E. F. Casassa and I. H. Billick, to be published.
(9) I. Tinoeo, Jr., and J. D. Ferry, Arch. Biochem. Biophys., 48, 

7 ( 1 9 5 4 ) .

II. Experimental Procedures
Materials.—The fibrinogen used in this work was re­

fractionated from two samples, designated Lot 128-163 
and Lot 210, of Armour Bovine Fraction I. The final 
fractionation was carried out by methods adapted from that 
of Laki. 10

Procedure I as follows was employed for Lot 128-163. 
Fraction I was dissolved in 0.051 M  phosphate buffer1 1  

at about pH 6.2, 100 cc. of buffer being used for each gram 
of material. The solution was filtered, then stored for 
about 12 hours at 2-4°. After filtration at the same 
temperature to remove the precipitate formed, the solution 
was warmed quickly to 23-25° and precipitation of fibrino­
gen was carried out by slow addition, with stirring, of 
saturated (at the precipitation temperature) ammonium 
sulfate. Addition of precipitant was discontinued when the 
pH fell to 5.90, but in no case was more than 0.30 volume 
of ammonium sulfate added to one volume of protein solu­
tion. The fibrinogen was washed several times with buffer 
of the same composition as the solvent at the completion 
of precipitation and then dissolved and dialyzed against 
whatever buffer was desired for further experiments.

Procedure II, used with fibrinogen from Lot 210, and in 
one instance with Lot 128-163, was the same as Procedure I 
except that 0.030 M  phosphate was used in the initial step.

In some cases two fibrinogen fractions were obtained in 
the course of the precipitation by ammonium sulfate. 
The first fraction, containing very roughly 10 to 20% of the 
total protein thrown down, was separated by allowing the 
solution to stand for 5 to 10 minutes after the first permanent 
appearance of precipitate. At this stage the precipitated 
fibrinogen was highly swollen; it coagulated readily and the 
bulk of it could be collected easily on the stirring rod.

Both fractionation procedures usually yielded fibrinogen 
preparations at least 90% elottable by the customary 
gravimetric assay. 1 2 However, Procedure I applied to Lot 
210 gave unsatisfactory products only 70 to 85% elottable. 
Difficulties in obtaining adequately pure fibrinogen from 10 11 12

(10) K. Laki, ibid., 32, 317 (1951).
(11) The phosphate buffer used here and in-Procedure II below is 

conveniently prepared by appropriate dilution of a stock solution 
containing 0.203 M  NaTIaPOé and 0.101 M  Na2HPC>4.

(12) J. D. Ferry and P. R. Morrison, J. Am. Chem. Soc., 69, 388 
(1947).
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certain samples of Fraction I have also been reported by 
other workers. 1 3

The clot for the assay was formed at pH ca. 6.3 in buffer 
of 0.15 ionic strength. Stock solutions assayed were always 
sufficiently concentrated that dilution of one or two cc. of 
the stock with 20 cc. of pH 6.2 buffer brought the concen­
tration and the pH, even for the stock solutions in pH 9.5 
buffer, into the proper range for formation of the “ coarse”  
clot1 2  required for the assay technique. Total protein was 
determined by absorption of ultraviolet light at 2780 A. 
in the Beckman Model DU spectrophotometer with slit 
opening less than 0.5 mm. The relation between optical 
density D and protein concentration c in g./cc., c X 105 =  
669 D, was established by the Kjeldahl nitrogen analysis 
and dry weight determinations.

For all experiments discussed in this paper, refractionated 
fibrinogen was dissolved in suffers of 0.450 total molar ionic 
strength. The pH 6.2 buffer was made up as 0.01014 M  
in NaHJPOi, 0.01007 M  in Na2H P0 4 and 0.400 M  in NaCl. 
Alkaline buffer at pH 9.5 was prepared as 0.100 M  in 
glycine, 0.0500 M  in NaOH and 0.400 M  in NaCI. All the 
inorganic materials were of analytical reagent quality while 
the glycine was Eastman Kodak white label grade. In 
some of the experiments buffers of the compositions given 
above contained in addition hexamethylene glycol at a 
concentration of 0.500 M . The glycol, obtained through 
the generosity of E. I. du Pont de Nemours and Co., was 
distilled at reduced pressure before use. When the glycol 
was added to salt-buffer solvent, some cloudiness usually 
developed; but this was removed entirely by filtration 
through an “ ultrafine”  sintered glass disk.

Light Scattering Technique.— In preparation for light 
scattering studies, fibrinogen, stock solutions were clarified 
by a preliminary filtration through asbestos pads, previously 
freed of traces of calcium by thorough washing with sodium 
citrate solution. Final removal of dust particles or other 
suspended matter was accomplished by centrifuging solu­
tions and solvent for two hours at 20,000 g in a “ Servall” 
Model SS-2 vacuum centrifuge. In order to avoid subject­
ing the protein to any temperature above 25° during cen­
trifugation, the rotor was cooled to 5° before use. At pH 
9.5 fibrinogen is quite unstable at moderately elevated 
temperatures; at 35° solutions rapidly lose clotting power 
and gradually increase in turbidity. 1 4  15

The light scattering photometer used in this work has been 
described earlier. 1 6 The only important modification 
introduced was a thermostat16 to maintain the temperature 
of the protein solution at 25.0 ±  0.2°. The range of scatter­
ing angles covered by the experiments, 25-140° relative to 
the direction of the incident beam, was limited by the 
aperture of the window of this thermostat. All measure­
ments were made with hand blown conical cells, 1 6 not 
entirely free from optical irregularities. Although the fact 
that the cells were immersed in water in the thermostat 
minimized errors from this source, the media both within 
and without the cells having then approximately the same 
refractive index, any residual error was compensated for by 
determining the observed intensity, in each cell, of fluores- 
ence scattering alone in dilute fluorescein solution. 1 6 Since 
the fluorescence must be independent of scattering angle, the 
observed variations of intensity with angle could depend 
only on optical flaws in the cell or thermostat window, 
reflections of scattered light and geometrical factors, of 
which the most important is the very nearly proportional 
dependence of the illuminated volume viewed by the de­
tector upon the cosecant of the angle. To correct scattering 
data on fibrinogen for these effects and to reduce readings to 
a common basis, the measured intensity at any angle was 
divided by the ratio of apparent fluorescence intensities at 
that angle and at right angles.

In studying the scattering from a particular fibrinogen 
sample as a function of concentration, all measurements 
were made in a single cell in order that errors in the calibra­
tion constants for each cell relating measured photocurrents 
to absolute light intensity might not obscure the rather small 
deviation of solute scattering from direct proportionality to 
concentration. For the same reason, measurements to

(13) J. M. Sturtevant, M. Laskowski, Jr., T. H. Donnelly and 
H. A. Scheraga, J. Am. Chetn. Soc., 77 , 6168 (1955).

(14) E. F. Casassa. unpublished results.
(15) S. Katz, J. Am. Chern. Soc., 74, 2238 (1952).
(16) E. F. Casassa and S. ICatz, J. Polymer Sci., 14, 385 (1954).

determine the small effect of added hexamethylene glycol on 
scattering from the protein solutions were also made in a 
single cell.

Unpolarized incident light of wave length 4358 A., iso­
lated by the appropriate Corning filters from the radiation 
of an AH-3 (Westinghouse Co.) or H85-A3 (General Electric 
Co.) mercury arc, was used in all the scattering measure­
ments.

Routine conversion of intensity measurements, in arbi­
trary units as galvanometer scale readings, to absolute 
intensities was accomplished by the working standard 
method of Brice, Halwer and Speiser17; but the ultimate 
reference was a 7.50 g./l. solution of a certain polystyrene 
sample in butanone for which the reduced intensity (or 
Rayleigh’s ratio) for scattering at right angles due to solute 
was assumed to be 17.20 X 10~ 4 at 4358 A. for unpolarized 
light as determined by Carr and Zimm. 18

III. Treatment and Interpretation of Data
Light Scattering.—The experimental data were 

evaluated in the manner advocated by Zimm19: 
graphs of the familiar reciprocal intensity function 
Kc/R(6) against concentration c and sin2 (0/2), 6 
being the scattering angle, were combined on a sin­
gle plot, and a double extrapolation was performed 
to infinite dilution and zero angle. The limiting 
relations

Kc/R{0) =  (1 ¡M  +  2.42c +  3A 3c2 H------ )/aff (1)
=  1/M ' +  2A2'c +  3Ajc2 H------

and

were used to obtain the molecular length, and ap­
parent molecular weight ili ' and virial coefficients 
A', A'. In all cases but one, however, measure­
ments did not cover a wide enough concentration 
range to justify retention of the quadratic term of 
equation 1. Numerical results for A 2and A 2 re­
ported below are consistent with c expressed as 
grams of protein component per cc. of solution. 
The quantity w, as is indicated by equation 8 below, 
may differ from unity only in systems of more than 
two components. In equation 2, the coefficient of 
sin2 (6/2) has been written explicitly in the form 
corresponding to the assumption that the fibrino­
gen molecule is a cylindrical rod of length L and of 
thickness much less than the wave length of light 
A' in the medium. As expressed here, the reduced 
scattered intensity from solute R(6) (corrected for 
the Thomson scattering factor 1 +  cos2 6 arising 
with unpolarized incident light) determines the same 
angular intensity distribution, within experimental 
error, as is obtained with vertically polarized inci­
dent radiation since the depolarization of scattering 
at right angles is much too small to necessitate the 
inclusion of a Cabannes factor18’20 in equations 1 
and 2. The quantities collected in the constant 
K  =  2T2n2(dn/dc)2/N\i have the customary sig­
nificance with N  Avogadro’s number, A the wave 
length of light in vacuo, and n the refractive index 
of the solution.

Protein Concentration.—The fibrinogen concen­
trations used in calculating the results presented in 
this paper represent total protein rather than

(17) B. A. Brice, M. Halwer and R. Speiser, J. Optical Soc. Am., 
40, 768 (1950).

(18) C. I. Carr and B. H. Zimm, ./. Chem. Phys., 18, 1616 (1950).
(19) B. H. Zimm, ibid., 16, 1099 (1948).
(20) J. Cabannes and Y. Rocard, “ La diffusion moléculaire de la 

lumière,”  Les Presses Universitaires de France, Paris, 1929.
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clottable protein. If the concentration of clottable 
protein had been used, the molecular weights from 
equation 1 would, of course, have been higher than 
those reported. The choice as to which measure 
of protein concentration should be used is neces­
sarily rather arbitrary. If the non-clotting mate­
rial is of very low molecular weight compared to 
fibrinogen, the scattered intensity is almost entirely 
due to fibrinogen; and in that case calculation on 
the basis of clottable protein yields a molecular 
weight nearly that of the fibrinogen component. 
There is, however, no a priori reason for assuming 
the impurities to be of low molecular weight. It is 
evident in the results of Katz, Gutfreund, Shulman 
and Ferry2 that the molecular weights calculated 
by them on the basis of clottable protein are gener­
ally highest for those preparations containing the 
most non-clottable material. The molecular 
weights obtained from their results on the basis of 
total protein show greater uniformity though the 
same trend persists. In any case, calculations on 
the basis of total protein concentration measured 
by ultraviolet light absorption give the weight 
average molecular weight of the system as a whole, 
provided the non-clotting fraction has the same ex­
tinction coefficient as fibrinogen.

Specific Refractive Index Increment.—Since the 
constant K  in equations 1 and 2 contains the square 
of the specific refractive index increment dn/dc, 
it is important that it be known accurately. In 
earlier publications from this Laboratory2’9 the 
specific refractive index increment of fibrinogen 
was assumed to be the same in all the solvents 
utilized. This assumption, even over the small 
refractive index range encountered with the buff­
ers used in these studies, is rather unsatisfactory; 
and moreover it can easily be replaced by an ap­
proximation considerably less in error.

If we assume the refractive index of a binary 
mixture to be a linear function of the composition 
by volume,21 we may write

n = riivxci +  n$iCi = S2c2(?i2 — nt) +  Wi (3)
in which Vi, n2, vh v2, c\, c2, are, respectively, the 
refractive indices, partial specific volumes, and con­
centrations (in grams per cc. of solution) of the two 
components. For the present purpose we consider 
only mixtures dilute in component 2, chosen as the 
solute; and we need not require n2 to be identical 
with the refractive index of pure component 2, but 
simply a constant defined by equation 3. Letting 
c2 =  c, we obtain for the refractive index increment

dn . . dy2
dc = (n2 -  n')v* +  c dri

For the protein solutions employed in this work 
c(dvi/dc) is surely very small compared to v2, and 
this expression can be simplified

~  =  i>2(n2 -  nx) (4)

If the refractive index increment [dn/dc]a is 
known for a particular solvent of refractive index 
na, equation 4 can be used to calculate [dn/dc]x for

(21) More elaborate mixture rules, both theoretical and empirical, 
have been proposed. Some of these are discussed by W. Heller, 
Phys. Rev., 68, 5 (1945).

a solvent of index nx provided that v2 and n2 are the 
same in both solvents; that is

E 1  = [3 a  "  ^  ^  (5)
Equation 5 is an adaptation of the Gladstone- 
Dale empirical rule for the refractive index of mix­
tures in a form similar to that which has been used 
for solutions of high polymers in organic solvents.22

In considering the refractive index increment for 
systems of more than two components it is necessary 
to define precisely the process involved in changing 
solute concentration. For a three component mix­
ture— protein, salt, water, for example— the re­
fractive increment of the protein to which equation 
4 applies is evidently that referring to change of 
protein concentration at constant molality of the 
salt. In other words, the concentration of protein 
component, which may be defined to include salt 
ions, is changed by removal or addition of salt 
solution of fixed composition. We may apply sim­
ilar reasoning to a system of any number of compo­
nents and state equation 4 in the more general form

(£ ),„ = ^  - ns) (6)

where, as before, c and v2 refer to the solute while 
ns is the refractive index of the system of the other 
components, the mixed solvent. (The dilution 
process described here was that used in varying 
protein concentration for the fight scattering meas­
urements discussed in this paper.)

The value of the refractive index increment for 
bovine fibrinogen used by Katz, et al.,2 0.197 at 
4358 A., was derived from measurements at 5890 A. 
in 0.3 M  sodium chloride by Armstrong, Budka, 
Morrison and Hasson23 and the dispersion data of 
Perlmann and Longsworth.24 With this result and 
the partial specific volume26 taken as 0.71, we have 
used refractive indices and dispersion data at 5890 
A. and 25° determined with the Abbe refractome- 
ter to calculate the refractive index increments at 
4358 A. in the solvents of interest in connection 
with light scattering studies. Whether or not the 
originally derived value of 0.197 for dn/dc is cor­
rect, the calculated refractive increments and cor­
responding values of the light scattering constant K, 
as given in Table I, are probably reasonably relia­
ble in relation to one another. Indeed, the differ­
ences between these figures may well be accurate 
within the experimental error in measurement of 
dn/dc with commercially available equipment for 
differential refractometry.

Thermodynamic Interpretation of the Light 
Scattering Equation.—-To establish the precise 
significance of the parameters appearing in equation 
1, it is necessary to consider the fact that the sys­
tems of interest in the present study contain several 
components. The statistical fluctuation theory of

(22) P. Outer, C. I. Carr and B. H. Zimm, J. Chem. Phys., 18, 830 
(1950).

(23) S. H. Armstrong, Jr., M. J. E. Budka, K. C. Morrison and 
M. Hasson, J. Am. Chem. Soc., 69, 1747 (1947).

(24) G. E. Perlmann and L. G. Longsworth, J. Am. Chem. Soc., 
70, 2719 (1948).

. (25) V. L. Koenig, Arch. Biochem., 25, 241 (1950); K. Bailey and
F. Sanger, Ann. Rev. Biochem., 20, 103 (1951).
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T a b l e  I
C a l c u l a te d  S pe c ific  R e f r a c t iv e  I n d e x  I n c r e m e n t  of 

B o v in e  F ib r in o g e n  in  V a r io u s  So lv e n t s

Solvent (4358 À.) (d7i/dr)m
K  X 
10'

0.3 M  NaCl 1.3435 0.1970 6.302
Phosphate buffer; 

r/2, 0.45 1.3459 .1953 6.275
Phosphate buffer; 

r/2, 0.45; 0.5 M  
HMG“ 1.3530 . 1903 6 . 0 2 1

Glycine buffer; 
r/2, 0.45 1.3465 . 1949 6.255

Glycine buffer; r /2 , 
0.45; 0.5 M  HMG 1.3537 . 1898 5.996

“ Hexamethylene glycol. 

Rayleigh scattering in multicomponent solutions26
leads to the following approximate expression for
the excess scattering (the intensity scattered from 
solution less that from the solvent) for a system 
consisting of a macromolecular solute and other 
components which it is convenient to designate 
collectively as solvent

/¿(-o') 2 t W iP22 ( ___________ a fo n i__________

 ̂ 1VX4 \1 +  m2(i>ß2' fòmite 7)) <
in which

-  o » / « » « ) -  i»)

We allow the subscripts Iv to take on the values 2 
(protein component), 3 (designating the sum of 
terms involving the salt-buffer components, which 
we do not attempt to consider separately) and 5 
(hexamet-hylene glycol).27 The concentrations mg; 
are referred to a fixed mass of component 1 (con­
veniently the principal solvent, water) contained in 
a volume V of solution. It is appropriate therefore 
to regard them as weight molalities and define the 
chemical potentials m k  accordingly28; i.e., for the 
protein component

ti-z/UT =  ti?/RT -f- In in2 T  V2i In i>U -f- P2

= /i°/R T  +  In 1112 +  (9)

where RTfc is the excess chemical potential taken 
as zero in the reference state at infinite dilution of 
component 2. The quantities v-u are the numbers of 
moles of species i (which in this case we take as the 
ions composing the components 3) included in the 
definition of a mole of component 2, and the are 
the total concentrations of these species. The r2, 
are subject to the requirement that component 2 
be electrically neutral as is each of the other com­
ponents. Subscript n indicates differentiation with 
all potentials except M2 and mi held fixed, while m 
subscribed to derivatives has the usual significance 
of denoting constancy of all concentrations except

(26) (a) II. C. Brinkman and J. J. Hermans, J. Chem. Phys., 17, 
574 (1949); J. G. Kirkwood and R. J. Goldberg, ibid., 18, 54 (1950); 
(b) W. H. Stockmayer, ibid., 18, 58 (1950).

(27) Here we adopt the procedure of Scatchard28 in assigning even 
numbers to macromolecular components and odd numbers to low 
molecular weight components. It must be noted that by the formal­
ism used here any effects of the neutralization reaction of protein and 
buffer are implicitly included in the interactions between protein and 
the components 3.

(28) G. Scatchard, J. Am. Chem. Soc.. 68, 2315 (1946).

that involved in differentiation. Pressure and 
temperature are held constant in all differentiations.

The requirement of electrical neutrality for all 
components amounts, physically, to limiting pos­
sible concentration fluctuations to those resulting 
in no net charge in any volume element of dimen­
sions comparable with the wave length of light. 
This restriction,29 which is necessary for the appli­
cation of equation 7 to be valid, is satisfied at the 
high ionic strength we have employed. Equation 
7 is analogous to equation 3.5 of Stockmayer26b 
for three components and involves the same ap­
proximations.

It will be observed that the refractive increments 
and the concentrations of equation 7 are defined 
differently from those of equation 1. In terms of 
the concentration c of protein component in g./cc. 
and the specific refractive index increment (dn/dc)m 
defined in the preceding section, equation 7 may be 
rearranged to give
Kc_

i m
= ______1_____ q

M w2( l  -  m ) 2

= J -  +  2c [ J i -  
Mu2 +  IMw2

1000fc (Ò0[\
M 2oj2(1 — cv2 P \òr«2 /M

50Qf (dßl\ 1 +
+ M 2o>2 \ ò m j  J  ^  "

( 10)

correct to terms in c. The molecular weight of the 
protein component is M  =  M ' /co2 and f  =  vi +  
w3v3 +  WsVi.3a The quantities Si, S2, S3, S6 are par­
tial specific volumes, respectively, of water, protein 
and the other components while w3, w3 are concen­
trations in grams per gram water. I11 general 
(ô^2/àm2)n will depend on m2: but the limiting
value, as c —*■ 0, of the quantity in brackets in the 
last equality of equation 10 is the coefficient .!(  of 
equation 1, and we may define a second virial 
coefficient A consistent with solute concentration 
in grams per gram of the principal solvent by

A," = 500
M 2 f e ( £ ) J  =f ( A2~ ÿ  (l])

The molecular weight M of component 2 and the 
thermodynamic quantities appearing in equations 
7 and 10 obviously depend on the definition of that 
component. Any suitable definition is applicable to 
equation 10 provided that the concentration c and 
the refractive index increment (dn/dc)m are both 
consistent with it. For the purposes of this paper 
we shall assume that the specifications of protein 
component, concentration and refractive increment 
are self-consistent and that the protein component 
is so defined as to contain any excess (or deficiency) 
of small ions required to make the “ binding”  pa­
rameter u equal unity in systems at pH 6.2 contain­
ing no hexa.methylene glycol. These precise dis­
tinctions are not of practical importance in deter­
mining experimentally the molecular weight of fibrin­
ogen— the molecular weight corresponding to iso­
ionic protein in the absence of salt would presum­
ably not differ appreciably from that defined here— 
but they do come into question in discussing the 
differential effect of the addition of hexamethylene 
glycol to the solvent composition.

(29) J. J. Hermans, Hec. trav. chim., 68, 859 (1949).
(30) For calculations, /  was estimated from density measurements 

to be 1.07 and 1.01, respectively, in the solutions with and without 
hexamethylene glycol.
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T a b l e  II
L ig h t  Sc a t t e r in g  fro m  B o v in e  F ib r in o g e n

Expt.®

Protein 
source and 

fractionation®
Clottable

fibrinogen,
% Solvent b

W  X 
10«

L X 10« 
(cm.)

M/L X 
10'»

A ,' X 
10« x 10»

P46 210 II 91.8 pH 6.2 4.04 620 6.5 -0 .1 - 0 .3

P50 210 II 91.2 pH 6.22 4.79 700 6 . 8 0 . 6 0.4
pH 6.2 HMG 5.14 800 6 . 0 3.2 2.9

P51 210 II 91.5 pH 6.2 4.73 670 7.1 0 . 8 0.7
pH 6.2 HMG 5.08 740 6.4 3.4 3.1

P52 128-163 II 91.5 pH 6.2 4.69 640 7.3 0 . 8 0 . 6

pH 6.2 HMG 5.07 720 6.5 2.7 2.4

P53i 210 IL 8 8 . 6 pH 6.2 3.96 550 7.2

P532 2 1 0  II2 93.0 pH 6.2 3.73 570 6.5
P54 210 II2 8 6 . 2 pH 6.20 4.07 620 6 . 6 1 . 1 1.0

pH 6.25 HMG 4.35 700 5.8 2 . 0 1.7
P55 128-163 I2 87.2 pH 6.21 4.29 600 7.2 1 . 2 1.0

pH 6.26 HMG 4.24 640 6.7 3.3 2.9
P57 128-163 I2 92.0 pH 6.2 3.99 580 6.9 0.9 0.7

pH 6.17 HMG 4.14 660 6 . 0 3.2 2.9
G42 210 II 94.8 pH 9.5 HMG 4.35 630 1.7 1.5
G45 210 II 92.9 pH 9.5 HMG 4.28 700 1.9 1 . 6

“ The roman numerals designate fractionation procedures described in the text. Subscripts 1 and 2 denote the first and 
second fractions in those cases in which the precipitated fibrinogen was collected in two parts. Expts. P53i and P532 con­
cern the two fractions of a single preparation. b HMG indicates presence of 0.5 M  hexamethylene glycol. Buffer com­
positions are as given in the text.

IV. Discussion of Results
Fibrinogen Solutions at pH 6.2 Containing no 

Hexamethylene Glycol.—Results obtained from 
the foregoing analysis of light scattering data are 
shown in Table II.

Assuming that the best molecular weight and 
length of fibrinogen in the systems at pH 6.2 with­
out glycol are given by the lowest results from pro­
tein containing the least amount of non-clotting ma­
terial, we average the results of experiments P46, 
P53®, P57 to obtain 392,000 for the molecular' o '
weight and 590 A. for the length based on the thin 
cylinder molecular model.31 The experiments in 
solutions at pH 6.2 are listed in chronological order 
in Table II, each code number in the first column 
serving to identify light scattering studies carried 
out with a particular lot of refractionated fibrino­
gen. It is evident that three successive prepara­
tions (P50 through P52) yielded material with both 
molecular weight and length about 20% greater 
than the value quoted above. This behavior has 
not been explained but it does suggest that the 
character of the material retained in the fractiona­
tion procedure may depend critically upon some of 
the conditions of the protein precipitation or pos­
sibly upon traces of impurity in the reagents used.

Our results for molecular weight and length are 
definitely higher than those reported by Katz, et 
al.,2 who took as the best estimates from their light 
scattering data32 340,000 and 520 A .; however, the

(31) Calculations on the basis of thin prolate ellipsoids give molecu­
lar lengths about 25% greater. When small, as in the present case, 
the angular dependence of scattered light intensity determines only 
the radius of gyration of the molecule; calculation of actual molecular 
dimensions must therefore depend upon an assumed model.

(32) The molecular weight of 340,000 reported by Katz, et al., was 
calculated on the basis of concentrations as elottable protein with the 
refractive index increment taken as 0.197. The two corrections we 
apply to express the result in terms of the total protein concentration 
and of a better choice of dn/dc compensate in this particular case and 
the result remains unchanged.

ratio of molecular weight to length from our data,
6.6 X 1010 g./cm. agrees with theirs within experi­
mental error. The molecular weight difference 
appears to be significant experimentally since the 
same procedure and reference standard were used 
in the two light scattering studies to relate photo­
tube response to absolute light intensity; but it 
would probably be futile to speculate on the cause 
as the magnitude of the difference is only about 
half the unexplained discrepancy in molecular 
weights of different preparations found in the course 
of our work. Since the best of the fibrinogen used 
by Katz, et al., contained somewhat less non-clot­
ting material than ours, their results for molecular 
weight and size may well be the more reliable. Our 
molecular weight of 392,000 is close to that of 407,- 
000 found by Hocking, Laskowski, and Scheraga3 
but still much smaller than 540,000 given by Steiner 
and Laki.4

In column 8 of Table II are listed the experi­
mental values of the virial coefficient A 2 (with oj =  
1, A' =  A 2) which determines, to a linear approxi­
mation in protein concentration, the deviation 
from thermodynamically ideal behavior of the pro­
tein component. Averaging all the results for solu­
tions at pH 6.2 without glycol we obtain 0.8 X 
10~5 cc. mole g.~2; but as there is some indication 
in the data that A 2 may be smallest for protein 
preparations containing the least non-clottable mat­
ter, the correct figure for pure fibrinogen may pos­
sibly be somewhat less. The variation of the indi­
vidual measurements is fairly large and definitely 
beyond experimental uncertainty, which we esti­
mate to be about ±0.2 X 10-5. In establishing 
the magnitude of A 2 in these systems, we do not 
contradict the earlier assertion of Katz, et al., that 
this coefficient is zero within experimental error; 
for their studies of the concentration dependence of 
scattering involved only concentrations between
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0.3 and 2.3 g./l., which is too restricted a range for 
measurement of concentration effects this small. 
Most of our experiments involved a concentration 
range at least threefold greater.

For the systems without glycol the last column 
of Table II gives the second virial coefficient _42"' 
related by equation 11 to the concentration scale of 
equation 7. The average of the results is 0.6 X 
10~6; thus the difference between A 2 and A 2W is not 
of great importance in this particular case. Al­
though neglect of this distinction, as Ehrlich33 ob­
serves, cannot be considered permissible, a priori, 
for any system whatsoever, the necessity of justify­
ing such an approximation has perhaps not always 
been appreciated.

It is of interest to compare the experimental A 2 
with the interaction to be expected in a system of 
simple molecular models possibly representative of 
the size and shape of fibrinogen. For rigid im­
penetrable cylindrical rods of diameter d in a con­
tinuous medium the virial coefficient34 is NirdL'2/ 
4M 2. Substituting in this expression the molecular 
weight and length for fibrinogen and the diameter 
consistent with the molecular volume determined 
by the partial specific volume 0.71, we obtain 3.4 X 
10-5, a result larger than the measured value.35 
Hence the effective mutually excluded volume for 
a pair of solute molecules is smaller than the model 
requires.

Effect of Hexamethylene Glycol at pH 6.2.—The
pairs of experiments denoted by the same code 
numbers in Table II were designed to elucidate 
the effect of adding hexamethylene glycol to pro­
tein-salt-buffer systems. The two sets of solu­
tions used in light scattering measurements were 
made up from a single fibrinogen stock solution 
and were of identical protein concentration; both 
solvents were of the same molar composition except 
for the presence in one case of 0.5 M  hexamethylene 
glycol (added to the protein by dilution with a 
1 M  solution in the salt-buffer). These solvents 
were chosen for investigation because they repre­
sent the conditions used in some of the studies in 
this series, by light scattering6 and other methods, 
of the polymerization of fibrinogen through the 
enzymatic action of thrombin.

It is seen from the tabulated results that in every 
case but one the apparent molecular weight is 
greater in solutions containing glycol. Averaging 
the individual ratios (with the exception of P55) 
we find the ratio of apparent molecular weights

(33) G. Ehrlich, T h i s  .Jo u r v a l , E S , 709 (1934).
(34) B. II. Zimin, .7. Chem. Phys., 14, 104 (1946).
(35) The divergence between experiment and theory is more ap­

parent when it is considered that the calculated molecular volume 
represents a minimum value; the dissolved molecule undoubtedly 
imbibes solvent and effectively occupies a volume larger than that 
determined by the partial molal volume. Therefore, the calculated 
virial coefficient probably also represents a minimum. Aside from 
this question, agreement with experiment would not, of course, prove 
that the model is in every respect adequate. The virial coefficient 
involves an integral over space of a distribution function34 specifying 
molecular density and configuration relative to the center of a refer­
ence molecule. An infinity of arbitrary distribution functions could 
be devised to yield the same integral. None the less it is frequently 
useful to replace the actual molecule under consideration by an 
“ equivalent”  simple model. It may be remarked that for the molec­
ular model used here, the virial coefficient arises entirely from the 
entropy of dilution. We do not wish to imply, however, that the 
enthalpy of dilution is necessarily zero in the fibrinogen solutions.

with and without glycol to be 1.07 ±  0.01. The de­
viation of this value from unity appears to be ex­
perimentally significant although it is small and 
depends critically on the calculated difference be­
tween refractive index increments in the two sys­
tems; but our conclusion on this point must re­
main somewhat speculative. As the apparent 
molecular weight is increased by the presence of 
glycol, the molecular length calculated from equa­
tion 2 also becomes greater by a factor of 1.12 ±  
0.04 averaged over all the results. It should be 
remarked that these effects would be completely 
masked, through lack of reproducibility in molecu­
lar weight and length, were comparison attempted 
between pairs of experiments in which different 
preparations of purified fibrinogen had been used.

One conceivable explanation of these findings 
would be aggregation of a small part of the fibrino­
gen present. The possibly greater increase in the 
molecular length than in the weight could then arise 
naturally from the heterogeneity of thé solute: 
the molecular weight calculated from light scatter­
ing in a heterogeneous system is the weight average 
ZjMjWj, the Wj representing weight fractions of the 
various solute species j, while the average length 
represented by L  in equation 2 is (Z jM jW jL f* /  
2C¡MjWj) ,/2, an average more heavily weighted in 
favor of large aggregates. The experimental data 
could then be explained by assuming that 7% of 
the fibrinogen monomer is converted to rod-like 
dimer particles 1.5 times the length of the mono­
meric unit; therefore a partial overlapping,36'37 
such as may occur in the enzymatic polymerization 
of fibrinogen, would be indicated. This hypothesis 
of aggregation induced by the glycol appears un­
attractive, however, when it is considered that 
hexamethylene glycol is an effective inhibitor for at 
least the final stage of the polymerization steps 
leading to the formation of fibrin clots6'6; but even 
more pertinent to this particular question is the 
fact that the glycol also inhibits a partial aggrega­
tion of fibrinogen, discussed below, occurring at 
high pH in the absence of thrombin.

If, then, polymerization of fibrinogen can be ex­
cluded as the cause of the apparently increased 
molecular weight in the presence of hexamethylene 
glycol, the effect must be attributed to an increased 
value of the quantity a>; i.e., to positive binding (in 
the purely thermodynamic sense of equation 7) of a 
solvent component or components to the protein 
component. Since the systems under consideration 
have more than one solvent component in addition 
to the principal one, it is impossible without special 
assumptions to determine uniquely from the molec­
ular weight data which components are responsi­
ble for the binding. It is useful, however, in 
illustrating the order of magnitude involved to 
compute the binding required if only glycol or so­
dium chloride is concerned. Taking the molal re­
fractive increment ratio as roughly 1.8 X
10-4 (derived from the dn/dc already given for 
fibrinogen and the refractive indices of the solvents) 
we could account for the experimental result of
1.07 for or by a value of about 200 for (àm{,/àm2) yi.

(30) J. D. Ferry, Proc. Nat. Acad. S d„  38, 300 (1952).
(37) J. D. Ferry, S. Katz and I. Tinoeo, Jr., ,/. Polymer Sci., 12,

509 (1954).
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Since the refractive increment is not far different 
for sodium chloride, a like number of moles of salt 
would serve, as would any combination of both 
components giving an algebraic sum of 200. An 
unambiguous calculation would be possible were 
the equilibrium distribution28 across a membrane 
impermeable to component 2 known for the low 
molecular weight components. It would therefore 
be of interest to compare results from light scatter­
ing and equilibrium dialysis measurements, prefer­
ably for systems without the complication of buff­
ers.

If binding is accepted as the cause of the appar­
ent molecular weight change, it becomes necessary 
to explain the observed increase of 12% in the mo­
lecular length without invoking aggregation. The 
only possible explanation appears to be an actual 
expansion of the molecule; and one independent 
indication that this may occur is the fact that the 
second virial coefficient is decidedly more positive 
in the solvent containing glycol than in that with­
out, the average difference in A 2 for the pairs of ex­
periments at pH 6.2 in Table II being 2.1 X 10“ 5. 
An increase in A 2 signifies an increased effective 
volume of mutual exclusion for interaction between 
molecular pairs, i.e., a greater net intermolecular 
repulsion. Furthermore it is probable that the inter­
molecular repulsion is associated with intramolecu­
lar repulsion between parts of the same molecule. 
In the statistical thermodynamic treatment of 
solutions of uncharged flexible chain molecules, for 
example, the intermolecular interaction is consid­
ered the resultant of segment-segment interac­
tions which individually in no wise differ from the 
interactions occurring between segments within a 
single molecule. Experimentally it is well known 
that a large positive virial coefficient in such solu­
tions is correlated with a highly expanded molecular 
configuration. Although protein solutions are 
scarcely to be described adequately in terms of 
like conceptual simplicity, it appears that such 
ideas are qualitatively applicable provided long 
range electrostatic forces are suppressed as at high 
ionic strength. Since it is generally accepted that 
protein molecules can undergo considerable swelling 
in solution, there is no difficulty in assuming that 
the fibrinogen structure is sufficiently deformable to 
permit the requisite change in length.

The average value of A 2 in the systems containing 
glycol is 3.1 X 10% in excellent agreement with 
the value calculated above for impenetrable rods.36

The thermodynamic quantities appearing in 
equations 7 and 10 may be expressed in terms of the 
more familiar derivatives28'38 jSkj =  (d/?K/c>mj)„,, = 
(dfij/dniK) m by use of the relation265 (pix-A'dmK)„ =  
|aKJ| /A 2k in which A 2k is the cofactor of the ele­

ment a2K = (dfj.o/dmK)m of the determinant % %  , 
the subscripts including all components except com­
ponent 1. Since the virial coefficient and binding 
parameter u refer to limiting behavior as m2 ap­
proaches zero, the /3kj for K, ,/ X 2 may be deter­
mined from solutions not containing the protein. 
Then, the changes in apparent molecular weight 
and in .4 2W caused by addition of glycol to the sol-

(38) J. T. Edsall, TI. Edelhoch, II. Lontie and P. R. Morrison, J. 
Am. Chem. Soc., 72, 4641 (1950).

vent medium provide two independent relations 
among the quantities /32k in the two systems in 
question. From the form of the equations it may 
be seen that for plausible values39 of the /3kj (K, J

2), the increases found experimentally in both co 
and i 2w are consistent only if ,822 becomes more posi­
tive in the presence of glycol.

Fibrinogen Solutions at pH 9.5.— Results from 
two light scattering experiments at pH 9.5 on 
fibrinogen in the salt-glycine-glycol solvent are 
shown in Table II. The average molecular 
weight M ' for these experiments is 432,000 while 
A 2 is 1.8 X 10% a somewhat smaller value than 
was found in the comparable solutions of the same 
ionic strength and glycol content buffered by phos­
phate at pH 6.2. Since the fibrinogen ion already 
carries an effective negative charge at pH 6.2 in 
the solvent systems used in this work, as is shown 
by the electrophoretic mobility,40 it would be ex­
pected to carry a greater negative charge in the 
more basic solution. But an increase in the charge, 
in the absence of other effects, would be reflected 
in an increased virial coefficient, although in our 
experiments the ionic strength was so high that a 
large effect could not be anticipated.41 The con­
siderable decrease in A'2 we have observed may arise 
from the neutralization reaction between the buffer 
and protein.

The sole instance in which it appeared justified 
to retain the term in c2 in equation 1 (expt. G42) 
involved data at concentrations up to 15 g./l. 
The curvature of the plot was reasonably well ac­
counted for by a positive third coefficient A :¿ of 1.3 
X 10~4. From this and the results given in Table 
II we find that A '/ (A 0 2M ' =  A,/A\M =  1.0. We 
make no claim as to the experimental significance of 
this figure but only note for comparison that the 
value of this quantity is 6/ 8 for the interactions of 
hard spheres of equal size, less for “ soft”  spherical 
models,42 and very small for extremely asymmetric 
shapes such as thin rods.43

Comparisons of the type discussed in the pre­
ceding section between systems at pH 9.5 with and 
without hexametlydene glycol could not be made 
since in the glycine buffer fibrinogen was found to 
form aggregates which broke down, at least in part, 
upon dilution or upon addition of the glycol. The 
Zimm plots shown in Fig. 1 constitute evidence for 
this assertion: plot B for the solution containing 
glycol is normal in appearance for a solute with posi­
tive second virial coefficient while plot A for the 
system without glycol shows a non-linear increase in 
Kc/R (ft) as c approaches zero, the behavior expected 
for a solute containing aggregates dissociable upon 
dilution. The solutions used to obtain both plots

(39) From freezing point measurements and the interionie attrac­
tion theory, we estimate /S33. 035 and 0»r» to be —0.3, -f-0.4 and —0.2, 
respectively, in the three component system containing 0.49 molal 
sodium chloride (3) and 0.54 molal hexamethylene glycol (5).

(40) E. M. Zaiser, private communication.
(41) A very extensive investigation by light scattering of the effect 

of the charge of a macroion in solutions of bovine serum albumin 
has been made by Edsall, et aZ.38 An increase in virial coefficient with 
charge is clearly demonstrated in their results as is the gradual sup­
pression of the effect at increasing salt concentration. An analogous 
effect is, of course, obtained with the osmotic pressure.28

(42) W. H. Stockmayer and E. F . Casassa, J. Chem. Phys., 20, 
1560 (1952).

(43) L. Onsager, Ann. N. Y. Acad. Sci., 51, 627 (1949).
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were prepared from the same fibrinogen stock solu­
tion, which had been dialyzed against glycine 
buffer.

While no systematic study of the appearance of 
polymers in alkaline fibrinogen solutions was un­
dertaken, further evidence for aggregation was ob­
tained from the clotting behavior of stock solutions 
held over a period of time under storage conditions 
normally constituting part of our experimental 
procedures. A sample of crude fibrinogen, Lot 210, 
was refractionated by procedure II described 
above, then divided into two parts, one being dia­
lyzed against phosphate buffer at pH 6.2, the other 
against glycine buffer at pH 9.5. During dialysis 
and afterward the solutions were kept at 5°. Pe­
riodically, over a week's time, portions were with­
drawn and assayed for clottable fibrinogen with 
the results presented in Table III.

Table III
Assay of Fibrinogen Solutions Held at 5°

Total
protein % clottable

Buffer
conen.,

g ./l.
35

hr.«
72
hr.

119
hr.

170
hr.

Phosphate, 
pH 6.2 26.8 90.1 91.9 90.1 90.4

Glycine, 
pH 9.5 25.7 90.4 85.7 77.9 76.0

a Time is measured from the beginning of dialysis against 
the buffer.

It is clear that the clottability decreased steadily 
with the passage of time44 at pH 9.5 though not at 
pH 6.2. However, this change in the alkaline me­
dium was evidently associated with an aggregation 
reaction, for the sample eventually became visibly 
turbid and its viscosity increased. After 170 hours, 
a blank assay was run on the alkaline solution; that 
is, the assay method was followed except that 
thrombin was not added to the solution. As soon 
as the concentrated stcck was diluted with pH 6.3 
buffer, in accordance with the normal assay pro­
cedure, gel-like material began to form which could 
be synerized easily. The “ clot” obtained in this 
way was found to contain 29% of the total protein. 
This substance resembled normal fibrin to the ex­
tent that it was insoluble in the original glycine 
buffer but did dissolve readily in 6 M  urea.

V. Conclusion
The studies described here show that the addi­

tion of hexamethylene glycol to fibrinogen solutions 
induces effects which are reflected in altered ther­
modynamic interactions between protein molecules 
and between protein and the low molecular weight

(44) The clottable fibrinogen content reported as a criterion of 
purity of the various preparations in this study and the other publica­
tions of this series represents the condition of the protein between 24 
and 48 hours after the completion of the fractionation procedure and 
the beginning of dialysis against the buffer.

Fig. 1.— Light scattering from fibrinogen (expt. G45): 
plot A, in glycine buffer at pH 9.5 ionic strength 0.45; plot B, 
in same solvent with 0.50 M  hexamethylene gtycol added.

constituents of the solvent medium. Although 
these experiments concern fibrinogen, not the ac­
tivated form resulting from the action of thrombin, 
it may be expected that the general nature of the 
changes caused by the glycol applies as well in the 
case of the activated species—which could not be 
studied under the conditions employed here— and 
hence that our observations bear a relation to the 
inhibitory influence of the glycol on the polymeri­
zation of activated fibrinogen to fibrin. The 
results are at least consistent with earlier specula­
tions46 that hexamethylene glycol may cause steric 
interferences to the clotting process in being bound 
to particular sites on the protein. Similarly, 
steric effects may arise in connection with the ob­
served expansion of the fibrinogen molecule. Very 
recently Sturtevant, Laskowski, Donnelly and 
Scheraga13 have reported evidence that the clot­
ting reaction involves the formation of intermo- 
lecular hydrogen bonds. In this view, the binding 
of glycol would interfere with the formation of such 
bonds, possibly by participation of the glycol hy­
droxyl groups in hydrogen bonding at some of the 
sites involved in fibrin formation.

We are greatly indebted to Dr. Ethel M. Zaiser 
and Dr. Irwin H. Billick who aided materially in 
some of the experimental work and to Professor 
John D. Perry who contributed many helpful sug­
gestions in the course of discussions.

(45) J. D. Ferry and S. Shulman, J. Am. Chem. Soc., 71, 3198 
(1949).
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The preparation of the vanadyl chelates of tetraphenylporphine, and its p-methyl, p-methoxy and p-chloro derivatives 
are described, and a study of their ultraviolet, visible and infrared spectra are reported. The ultraviolet and visible spectra 
are found to resemble those of the Cu(II), Co(II), Ni(II) and Ag(II) chelates of tetraphenylporphine. Infrared frequencies 
are assigned to bond or group vibrations, and a comparison is made with the corresponding frequencies of chelates of various 
divalent metals with other ligands. Two bands at 1337 and 535-528 cm r1 are tentatively assigned to V -0  stretching and 
bending vibrations, respectively, and two bands at 1000 and 465-435 cm r1 are tentatively assigned to metal-nitrogen in­
plane and out-of-plane vibrations, respectively.

In  th e course of a general in vestigation  of m etal 
chelate com pounds related to th e n atural and sy n ­
th etic  oxygen carriers, tetraph enylporp hine and a 
num ber of its  para-su b stitu ted  d e riv a tiv e s3 h ave 
previously  been synthesized in  these laboratories. 
I t  w as th o u gh t of interest to  prepare and stu d y  
the corresponding v a n a d y l chelates of these com ­
pounds, because the presence of a single stron gly- 
bound oxygen  atom  w ould provide a com parison 
w ith  the w eaker m eta l-o x yg en  bonds of th e oxygen 
carriers. A lth o u gh  th e u ltrav io le t sp ectra  of a 
num ber of d iva len t m etal chelates of te tra p h en yl­
porphine h a ve  been rep o rted ,4 5 the preparation  of 
th e v a n a d y l chelates of the paren t ligand and of 
its  d erivatives h a ve  n ot been described. H ow ever, 
a num ber of v a n a d y l chelates of /3-diketones6-7 
and of the te tra d en ta te  ligand bissalicylaldehyde- 
ethylenediim ine8'9 h a ve  been reported. T h e  ligands 
k in d ly  m ade a vailab le  for this research b y  M r. 
D . W . T h om as are indicated  b y  form ula I.

I, para-Substituted tetraphenylporphines 
X  =  — H, —  CHS, —  OCH3, and — CL

(1) This research was supported by the National Institutes of 
Health, U. S. Public Health Service, under grant #G3819(C2).

(2) Postdoctoral Research Fellow, Clark University, 1953-55; 
present address, Dojindo & Co,, Kumamoto-shi, Japan.

(3) D. W. Thomas and Arthur E. Martell, J. Am. Chem. Soc., 78, 
1335 (1956).

(4) G. D. Dorough, J. R. Miller and F. M. Huennekens, ibid., 73, 
4315 (1951).

(5) G. T. Morgan and H. W. Moss, J. Chem. Soc., 78 (1914).
(6) A. Rosenheim and H. Y. Mong, Z. anorg. Chem., 148, 34 (1925).
(7) M. M. Jones, J. Am. Chem. Soc., 76, 5995 (1954).
(8) P. Pfeiffer, T. Hesse, H. Pfitzner, W. Scholl and H. Thielert, 

J. vrakt. Chem., 149, 217 (1937).
(9) H. J. Bielig and E. Bayer, Ann., 580, 135 (1953).

Experimental
Vanadyl Tetraphenylporphines.—A finely-powdered mix­

ture of 300 mg. of tetraphenylporphine and 300 mg. of 
vanadyl acetate wras heated for 48 hours at 190-200° in 100 
ml. of glacial acetic acid. The reaction mixture which was 
green at the beginning changed to brown near the end of the 
reaction. It was dispersed in water, extracted with ben­
zene, and the benzene extract was evaporated to dryness. 
The crude product was dissolved in trichloroethylene, 
filtered and chromatographed on a talc column. Develop­
ment with additional trichloroethylene resulted in the for­
mation of a cherry-red band which passed through the 
column, while a green band remained behind. Evaporation 
of the effluent gave a dark violet solid, which was recrystal­
lized from chloroform-methanol to yield 210 mg. (63%) of 
dark violet crystals. The green band which remained on 
the column was eluted with acetone and found by absorp­
tion measurements to be tetraphenylporphine.

The vanadyl chelates of the para-substituted tetraphenyl­
porphines were synthesized in a similar manner, but differ­
ences in the solubilities of each compound in benzene and in 
trichloroethylene necessitated slight changes in the standard 
procedure described above. The order of solubility of the 
vanadyl chelates in the organic solvents employed is p- 
methyl-TPP >  TPP >  p-chloro-TPP >  p-methoxy-TPP. 
The individual procedures and yields are listed in Table I.

T a b l e  I
P r e p a r a t io n  of V a n a d y l  T e t r a p h e n y l p o r p h in e s

Ligand
Chromatographic

solvent
Crystallization

medium
Yield,0

%
TPP6 7 Trichloroethylene Methanol 63.4
p-Methyl-TPP Trichloroethylene Methanol-water 61.7
p-Methoxy-TPP Trichlroethylene- Methanol 65.8

p-Chloro-TPP
chloroform

Trichloroethylene Methanol 67.8
“ Based on tetraphenylporphine. b TPP represents tetra­

phenylporphine .

The Cu(II) and Co(II) chelates of tetraphenylporphine 
were prepared by the method of Dorough, et a l . f  and puri­
fied by the method described above.

Absorption Spectra.—Ultraviolet and visible spectra were 
measured with a Beckman DU spectrophotometer equipped 
with a photomultiplier attachment. Spectroscopic grade 
benzene was used as a solvent.

Infrared absorption spectra wrere measured with a Perkin- 
Elmer Model 21 double-beam recording spectrophotometer. 
Sodium chloride optics were used in the region from 4000 to 
650 cm.-1, and an interchangeable potassium bromide 
prism assembly was substituted in order to make measure­
ments in the 650 to 400 cm.-1 region. Since the potassium 
bromide pellet method did not give good resolution for tetra- 
phenylporphines, Nujol and hexachlorobutadiene mulls were 
employed. The significant spectral bands found for the 
compounds studied are reported in Table II, together with 
the assignments which were possible in each case.

Discussion
A lth o u gh  other m etal chelates of te tra p h en ylp o r­

phine are best prepared b y  h eatin g  th e ligand and 
m etal acetate  in  glacial acetic  acid, variou s a t­
tem pts to  prepare th e v a n a d y l chelate b y  th is
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T a b l e  II

I n fr a r e d  A b so r ptio n  S p e c tr a  o f  V a n a d y l  C h e la t e s  o f  T e t r a p h e n y l p o r p h in e s  an d  its  para-SuBSTiTUTED D e r iv a -
TIVES

.--------p-OCH,---------
Ligand VO (II)Ligand Cu(II) ~‘  ‘ Co(II) VO (II) Ligand " “ VO(II)' Ligand vo(ii;' Assignments

1597m 1596s 1599s 1599s 1600m 1603s 1610m 1602vs 1595m 1595m C:C & phenyl
1575m 1575w 1575w 1580“ ) 

1575 (
w 1582m 1582w 1575m 1571m 1582m

occ»O Conjugated phenyl

1560m 1563w 1559w 1560m 1563w 1560w 1565m 1562w
1545w 1545w

1537w
1541 w

1533w
1543w

1530w
1547w

1525m
1548w

1530m
1525w 1525w

1512vw 1510w I508w 151 lw 1510w 1506m
1512vs 1510vs

1512w 1510^

1503w
1497m 1487m 1490m 1490m 1487m 1485m 1497m 1494vs 1490m 1487vs Phenyl
1477m

1461w
1470m

1460w
1475m

1465m
1473m

1462V-
C:N?

1463m
1455w

1452m 1453m -CH 3 deformation
1444m 1441s 1442s 1443s 1438w 1443w 1442m 1440m 1443w 1442v C-H deformation of pyr-

role rings
1410w

1403m
1382w 1 363\v 1394w

1400w 1405w 1396m
1395m

1375m 1378s -CH 3 deformation
1362m 1363m 1367m
1350m

1345s 1348s 1345s
1347m 1350m 1347m i

! C~N stretching
1337s 1338s 1337s 1337s V -0  stretching

1325w 1320w 1332m
1310vw 1307w 1306m 1311w 1307vw 1301w 1303m 1300w 1285vw 1300v
1286vw 1272w 1278w 1274w 1270w 1270w 1288m 1285s
1250w 1250w 1245w 1252w

1247vs 1245vs
1255w

C -0  stretching in meth-
oxy group

1235\v 1235V-
1 2 2 2 w 1224m 1231m 1 2 2 2 m
1213w

1 2 0 2 m 1204m 1204s
1226m

1206m
12l4w

1203m
1213w

1206m
1198w

1188m 1183w 1184m 1186w
1176m 1173s 1175w 1175vs 1168w 1178m

1173vs 1175vs
1174m 1178m

-OCH3?
1155m 1156m 1152m 1157 w 1150m 1165m 1153m 1155w Phenyl & p-subst. phenyl

1105w 1104w 1105m 1105m 1 1 0 0 m lllOv- p-Subst. phenyl
1080m 1092m 1090m

1088s 1089vs
1070m

1070s 1075s
1065s

1069vs
1070w

1066s 1070m
1072m

1055w 1050w 1056w
1030m 1036w

1033m
1034m

1029s
1018m 1018w lOlOw 1013m

1 0 0 0 s 1 0 0 2 s lOOlvs lOOlvs 1015vs 1 0 0 2 vs Metal-ligand vibration
999m

987s 995s
997m 989m

995vs
990m

978m 977m 980m 980m
963s 969s 964s

956w
963m

960w
941m 937w C-Cl?

927w 919w 920m 927m
920w 908m
898w
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T a b l e  I I  (Continued)
,— ---------- t :PP '------- P-*cm--------- /-------rrUUHs------ - ---------P--Cl---------

AssignmentsLigand Cu(II) Co(II) VO(II) Ligand VO(II) Ligand VO(II) Ligand VO(II)
873m 883m 883m 875w 882w 872w 880m

861w
851m 845m C-Cl stretching

847m
830m

845m
830m 832m

838w 837m
847m

837m

825w 825w 818w 818w
809m 812m 800s
795vs 799s

795s
792s . 804vs 799vs

703s
805vs
800vs

803s 806vs 790vs 803vs )> Phenyl

783m 786vs 
772vs 774vs

782s 786m 784s

757s 747s 747s 748vs
750w 753w 759m 750w 745w

Monosubst. phenyl

744s 720s 738m
727s 711s 724m 723vs 723s 734s 729s 725s 724s
720s 705s Monosubst. phenyl
702s 698s 699s 702s 706s 703m 704w 702m 707m
694s 697m 699m
654m 662m 668w 661m 655w 662m 666w 667w 665w 665w

644w
637w 633w 635w 638w 635w 63 Iw

629w
597s 603s

559w 554m 561m 556w 570w
538m 542m

528m 532m
505s

535w
502vs

V -0  bending.

492m
444w 465w 455s

444m
456w
442m

440w 435w Metal-ligand vibration

419vw 419vw 417w 418w 419w 419w 418w 418w
A broad band between the frequency regions indicated.

procedure, as outlined by Dorough, et al.,A were 
unsuccessful. After a study of the influence 
of the variation of starting material, temperature 
and reaction time, it was found that satisfactory 
yields are obtained by heating the free base and 
vanadyl acetate in glacial acetic acid in a sealed 
tube at about 200° for 48 hours. Chromatographic 
separation and spectrophotometric study of the 
reaction products revealed the presence of only 
a small amount of unchanged tetraphenylporphine 
in addition to the main reaction product.

The absorption spectrum of vanadyl tetraphenyl­
porphine, illustrated in Fig. 1, is quite similar to

X (m/x).
Fig. 1.—Visible and ultraviolet absorption spectra of tetra- 

phenylporphine-VO(IV) in benzene.

those of the corresponding copper(II), nickel(II), 
cobalt(II) and silver(II) chelates described by 
Dorough, et al.i The visible and ultraviolet ab­
sorption spectra of the p-substituted tetraphenyl­
porphine free bases have been noted to be quite 
similar to those of the parent compound,3 with 
slight shifts in the positions of the bands as the re­
sult of substitution in the benzene rings. The 
change in the absorption spectra of the para-sub­
stituted porphines which occurs on coordination 
with the vanadyl ion, was found to be almost the 
same as occurs in tetraphenylporphine. The char­
acteristics of the absorption bands of the metal 
chelates are listed in Table III.

T a b l e  III
V is ib l e  and  U l t r a v io l e t  A b so r ptio n  B an e s  op V a n a d y l  
para-SuBSTiTUTED T e t r a p iie n y l f o r p h in e s  in  B e n ze n e

Molar­
ity

Molar- 
6, ity Mmax, e2Ligand X 10' nifi X 10» X 10» mp X 10»

TPP 1.40 548 23.6 0.28 424 509
p-Methyl-TPP 0.99 548 23.3 .198 425 530
p-Methoxy-TPP“ 1.17 548 21.5 .117 429 441
p-Chloro-TPP 0 .8 6 548 26.2 .172 425 564

“ Additional weak absorptions were observed at 590 m/x 
(e 4.6 X 103), 512 m/x (e 3.6 X 103) and 481 m/x (e 3.0 X 
103).

The electronic configuration in the outer orbitals 
of vanadium in the vanadyl porphine complexes 
may be illustrated schematically as
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3  d
4 p

o o o o e  ©  0 0 0

The strong binding of the metal by the tetraden- 
tate ligand is probably covalent, as it is with the 
other transition metals. Thus, a set of dsp- orbi­
tals of the metal, which correspond to a square- 
planar arrangement of covalent bonds, would be 
filled by four electron pairs donated by the ligand. 
If it is assumed that the V -0  bond (Fig. 2) is ionic, 
a configuration with one unpaired electron would be 
expected. The only evidence for the covalent char­
acter of the metal-ligand bonds comes from the 
absorption spectra which fall in the same class as 
the spectra of the nickel(II) and cobalt(II) tetra- 
phenylporphines, which have been shown by mag­
netic measurements to be covalent. In the ob­
served visible spectra of tetraphenylporphine- 
VO(IV), illustrated in Fig. 1, any possible weak 
absorption bands arising from forbidden d-orbital 
transitions have been completely masked by the 
very intense K-type band at 548 mw.

Infrared study of the para-substituted deriva­
tives of the tetraphenylporphine free bases has 
been reported elsewhere,3 and the following dis­
cussion will be limited to the interpretation of 
absorption spectra of the metal porphine chelates. 
However, the study of the spectra of the metal 
derivatives has resulted in the assignment of a 
vibration in the free bases. The weak absorption 
of tetraphenylporphine and its derivatives near 
3350 cm.“ 1 was found to be absent in all metal 
chelates. This absorption is therefore assigned to 
the hydrogen bonded N -H  stretching vibration of 
the porphines, since, in the metal chelates, both 
hydrogens are replaced by the metal ion.

The main absorption bands of the metal chelates, 
which appear at around 1600 cm.“ 1, and at lower 
frequencies, are listed in Table II.

Since both phenyl rings and C = C  bonds are 
present, strong absorption bands would be expected 
in the double bond region. Thus, the first absorp­
tion at 1595-1610 cm.“ 1, which is fairly constant in 
position, is due to both C = C  and aromatic C = C  
stretching vibrations. Another absorption band 
at 1575-1582 cm.“ 1, which is also stable in its 
position, is assigned to conjugated C = C  vibrations 
in the phenyl rings. It is interesting to note that 
the first absorption, which has medium intensity 
in the free base, increases in intensity on metal 
chelation; however, the second band decreases in 
intensity.

It would be expected that absorption bands 
would be found which correspond to C = N  stretch 
and N -H  deformation for the ligand, and to C = N  
stretch for the metal chelate. However, the two 
or three absorptions occurring between 1560 and 
1510 cm.“ 1 cannot be assigned to these modes of 
vibrations with any degree of certainty. The 
bands of the free bases shift or split into several 
bands and also undergo a change of intensity when 
the hydrogens are replaced by a metal ion.

Another absorption of intermediate intensity at 
1497-1485 cm.“ 1, which undergoes little change 
of position on metal chelation, is assigned to the 
skeletal vibration of the phenyl rings. The next

Fig. 2.— Steric configuration of VO in tetraphenylporphine - 
VO(IV).

band at 1444-1438 cm.“ 1 which does not shift 
appreciably when the metal chelate is formed from 
the free base, is assigned to C-H  deformation vibra­
tion of the porphine ring.

Carbon-hydrogen deformation vibrations of 
phenyl rings also should give rise to absorptions in 
the frequency range of 1225-650 cm.-1. Thus an 
absorption band at around 1155 cm.“ 1 is assigned 
to phenyl ring deformation, and an additional 
band at around 1105 cm.“ 1 in the spectra of the 
para-substituted derivatives is assigned to a para- 
disubstituted phenyl ring deformation vibration. 
Another set of bands of very strong intensity at 
around 800-780 cm.“ 1 are also assigned to a C-H 
deformation vibration of the phenyl rings.

In para-substituted derivatives, there are some 
additional absorptions which can be assigned to 
each substituent. Two bands at 1453-1452 cm.“ 1 
and 1378-1375 cm.“ 1 of the para-methyl derivative 
are assigned to a -C H 3 deformation vibration; 
very strong absorptions at 1247-1245 cm.“ 1 and 
at 1173-1175 cm.“ 1 of the para-methoxy deriva­
tive are assigned to the -OCH3 group; and an 
absorption at 851-845 cm.“ 1 and probably another 
band at 941-937 cm.“ 1 of the para-chloro deriva­
tive are assigned to C-Cl stretching vibrations.

There are additional groups of bands which are 
characteristic of the ligands or the metal chelates, 
and the latter group may be subdivided further 
into two groups, one of which contains absorption 
bands characteristic of the vanadyl chelates, while 
the other includes a number of bands which seem 
to be common to the other divalent metal chelates. 
An absorption band which appears at 1477-1470 
cm.“ 1, is observed only in the free bases, and not in 
the metal chelates. In the vanadyl chelates, a new 
band occurs in a slightly lower frequency region. 
The frequency of this band in the ligands is prob­
ably too low to be assigned to N -H  deformation. 
The band is probably associated with the stretching 
vibration of conjugated C = N  bonds, which prob­
ably undergo a change of bond order and mode of 
vibration when the ligand is coordinated with a 
metal ion.

The three absorptions observed at around 1400, 
1360 and 1350 cm.“ 1 are characteristic of the lig­
ands. In the metal chelates of tetraphenylpor­
phine, a new band of strong intensity is found at 
around 1345 cm.“ 1, which is, however, absent in 
the metal chelates of the para-substituted ligands. 
These bands are tentatively assigned to C = N  vi­
brations.

The absorption found at 1338-1337 cm.“ 1 is char­
acteristic, of all vanadyl chelates, and cannot be 
found either in the ligands nor in the chelates of 
copper and cobalt. This absorption is rather
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strong and is tentatively assigned to the V -0  
stretching vibration.

The sterio configuration of five-coordinated van­
adyl chelates have been discussed previously.7 
For the purposes of discussion in the present work, 
it is considered permissible to assume the struc­
ture to be that shown in Fig. 2. Such a structure 
is also supported by some preliminary measure­
ments which indicate a significantly large dipole 
moment for vanadyl tetraphenylporphine.10 This 
dipole moment must be due to the asymmetrical 
configuration of the V -0  bond, which is normal to 
the plane of the porphine ring. The ligand is 
symmetrical and should not contribute to the dipole 
moment.

It is possible to estimate roughly the force con­
stant of the V -0  bond by the use of the simple 
equation11 where v is the absorption frequency in

v =  1307 's/kj^i

wave number’s, k is the force constant for the 
stretching vibration and n is the reduced mass which 
can be calculated from the masses of two bodies by 
fi =  mim^/im-i +  m2). The calculated value is 
12.65 X 106 dyne/cm., which is about the same 
as the value of the C = 0  stretching force constant 
(fcc=o (acetone) =  12 X 105 dyne/cm.). The 
value obtained for the V -0  bond is rather high in 
comparison with the value 7.54 X 106 dyne/cm., 
determined by Raman spectra,12 for the force con­
stant of the V -0  stretching vibration in VOCl3. 
However, the oxidation states, and the arrange­
ment of electrons in the metal orbitals are differ­
ent, and a difference in the bonding force of vana­
dium to oxygen would therefore also be expected.

The strong sharp band at 1015-1000 cm.-1 is 
specific for all metal chelate compounds studied, 
while all ligands have a band of medium intensity 
at slightly lower frequency. The bands found for 
the metal chelates are unusually strong in com­
parison with the band of the ligand. Since this 
band is found not only in the vanadyl chelates but 
also in the copper and cobalt chelates, it cannot 
be due to an absorption related to the V -0  vibra­
tion. The modes of vibration of the central metal 
ion in the metallo-porphines are both in-the-plane 
and out-of-the-plane of the porphine ring. Both 
modes of vibration result in changes of dipole 
moment and are, therefore, infrared active. Very

(10) K. Ueno and A. E. Martell, unpublished results.
(11) L. N. Ferguson, “ Electronic Structures of Organic Mole­

cules,”  Prentice-Hall, Inc., New York, N. Y., 1952, p. 231.
(12) H. J. Eichhoff and F. Weigel, Z. anjrg. allgem. Chem., 275, 267 

(1954).

few assignments of metal-ligand vibrations have 
been reported in the literatures. Several absorption 
bands below 700 cm.“ 1 in the metal chelates of 
acetylacetone13 and of bis-acetylacetone-ethylenedi- 
imine and related compounds14 were assigned to 
metal-ligand vibrations. The extraordinary sta­
bility of the metalloporphines, however, indicates 
that the metal-ligand bonds are much stronger in 
metalloporphines than in the metal chelates of 
acetylacetone and bis-acetylacetone-ethylenedi- 
imine. This stabilization can be explained on the 
basis of the strong resonance effect of the porphine 
ring, which imparts more double bond nature to 
the metal-ligand bonds than would be true of the 
metal chelates formed from other ligands.

Since one can expect, therefore, that the metal- 
ligand absorptions would occur in a higher fre­
quency region, the strong absorption gand at 1015— 
1000 cm.-1 is assigned to the in-the-plane metal- 
ligand vibration, which should appear at higher 
frequency than the out-of-the-plane vibration.

In the lower frequency region another group of 
absorptions are found which are characteristic of 
all metal porphine chelates The frequency of 
these bands shifts considerably as one passes from 
one metal to another, and the intensity of the bands 
also varies from strong to weak. In the case of 
copper and cobalt chelates of tetraphenylporphine 
and of the vanadyl chelate of p-methyltetraphenyl- 
porphine, one band is missing; however, all of 
these bands are characterized by the fact that no 
corresponding bands can be found in die ligands. 
Similar bands in this region were observed in the 
metal chelates of bis-acetylacetone-ethylenedi- 
imine and its analogous compounds, and were also 
assigned to metal-ligand vibrations.13 Thus the 
absorption bands in the 535-528 cm.“ 1 region of 
all the vanadyl tetraphenylporphines with the 
exception of the p-methyl derivative, and an ab­
sorption which is observed in all metal porphine 
chelates in the region of 465^35 cm.“ 1, are as­
signed to metal-ligand vibrations. Although it is 
not possible to assign each band to a specific mode 
of vibration, all of these bands correspond to a 
relatively feeble elastic force. One might tentatively 
assign the band at 535-528 cm.-1 to the V -0  bend­
ing vibration, and the band at 465-435 cm.-1 to 
the out-of-plane deformation vibration of metal- 
nitrogen bonds.

(13) J. Lecomte, Disc. Faraday Soc., 9, 108 0950); C. Duval, R. 
Freymann and J. Lecomte, Bull. soc. chim., France, 100 (1952).

(14) K. Ueno and A. E. Martell, T his J o u r n a l , 59, 998 (1955).
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A PHASE EULE STUDY OF THE SYSTEM 
ZINC OXIDE-CHROMIUM TRIOXIDE-WATER AT 2501

By A. E. W oodward,2 E. R. Allen and R. H. Anderson

Contribution from the School o f Chemistry, Rutgers University, New Brunswick, New Jersey
Received January 3, 1956

A phase diagram study at 25° has provided evidence for the existence of four compounds: 2Zn0-Cr03 -H20, 1.5ZnO- 
Cr03 -3H20, Zn0C r0 3 -2H2C and Zn0-2Cr03 -2H20  which have the same ZnO:Cr03 molar ratios as those reported previ- 
ously. 3 ~ 6 A series of solid solutions was indicated between the Zn0:Cr0 3 :H20  molar ratios of 4.7:1.0:3.7 to 3.4:1.0:2.6 . 
Chromium trioxide was found to be the solid in equilibrium with the final portion of the liquidus curve.

Introduction
Among the variety of inorganic pigments used 

in protective coating formulations, certain ZnO- 
Cr03-H 20  compositions have become increasingly 
important and have been found to be especially use­
ful as corrosion inhibitors for metals exposed to un­
favorable environments such as sea water. The 
ZnO-Cr03 compositions of interest, reported as 
compounds at 25°, have been those of low water 
solubility and high ZnO content such as zinc tetroxy 
chromate 5Zn0-Cr03-4H20 ,7 zinc trioxychromate 
4Zn0-Cr03-3H20 3 and zinc dioxychromate 3ZnO- 
Cr03-2H20 .3

Although the chromates of zinc have great com­
mercial interest, little has been published until 
very recently to show the existence of compounds 
in these systems. The only phase rule study at 25° 
of the Z n0-C r03-H 20  system reported up to this 
time is that of Groger.3 That investigation did not 
include the entire range of liquid-solid equilib­
rium mixtures nor did it show the existence of 
zinc tetroxy chromate as a compound. Therefore 
to elucidate further the phase relations in this sys­
tem and to obtain a more complete phase diagram 
at 25°, the investigation to be reported herein was 
carried out. In the first phase of this study mix­
tures of zinc oxide, chromium trioxide and water 
were made and the liquid and paste samples were 
analyzed for zinc and chromium; in one area of the 
phase diagram it was also necessary to analyze dried 
samples prepared independently of the other ones. 
To confirm the results found in the first part of this 
work, the region of low solubility was further in­
vestigated independently using improved methods 
of mixing and analysis; in this part the paste sam­
ples were taken to dryness and then analysed in 
conjunction with the liquid phases.

Experimental Procedures
In the first part of this study reagent grade zinc oxide, 

reagent grade chromium tiioxide and distilled water were 
brought together to give mixtures of five to ten grams of 
solids in 1 0 0  g. of solution in one of the following ways:

(1) This work was carried out under the sponsorsiiip of the Office 
of Naval Research as a part of a larger research program under con­
tract Nonr 404(06). Reproduction in whole or in part is permitted 
for any purpose of the United States Government.

(2) Department of Chemistry, The Pennsylvania State University, 
University Park, Pennsylvania.

(3) M. Groger, Z. anorg. Chem., 70, 135 (1911).
(4) M. Groger, ibid., 66, 7 (1910).
(5) E. Hayek, II. Hatzl and H. Schmid, Monatsh., 85, 92 (1954).
(6) W. Feitknecht and L. Hugi-Carmes, Helv. Chim. Acta, 37, 

2093, 2107 (1954).
(7) R. W. Leisy, U. S. Patent 2,251,846 (August 5, 1941); British

Patent 547,859 (September 15, 1942); W. H. Kittelberger, Ind. Eng.
Chem... 34, 363 (1942).

1. To a “ slurry”  of zinc oxide in water a solution of chro­
mium trioxide was added. 2. A saturated solution of zinc 
oxide and chromium trioxide was added to a zinc oxide 
“ slurry”  in a water bath at 25°. 3. To a zinc oxide
“ slurry”  in an ice-bath a saturated solution of zinc oxide 
and chromium trioxide plus solid chromium trioxide was 
added. 4. Solid zinc oxide was added to a saturated 
chromium trioxide solution plus solid chromium trioxide in 
an ice-bath.

After the initial mixing operation, the solid phase and a 
portion of the liquid phase were ground to a smooth paste 
in a mortar; this was found to hasten greatly the attainment 
of equilibrium. The mixtures were transferred to 125-ml. 
erlenmeyer flasks fitted with ground-glass stoppers, com­
pletely immersed in a water-bath at 25 ±  0.5°, and slowly 
rotated until equilibrium conditions were believed to have 
been approached. The time necessary for the mixtures to 
approach equilibrium was determined by analysis of the 
liquid phase and paste, as described below, of a number of 
mixtures, chosen to represent the complete liquid-solid 
range, at 3 to 4 day intervals after a minimum time of 3 to 4 
days.

Samples of the liquid phase and the paste were obtained 
by one of the following methods:

A. The mixture was subjected to Vacuum filtration, a 
liquid sample taken, and the paste pressed between pieces 
of filter paper to further remove the liquid phase. The com­
plete operation required 5 to 10 minutes.

B. The mixture was allowed to stand immersed in the 
bath lor two to five hours and then a sample of the liquid 
phase was drawn off. After removal of the excess liquid by 
decantation, the paste was pressed between pieces of filter 
paper. The latter operation was not used for mixtures with 
a high chromium trioxide content since they were believed 
to attack the paper.

The liquid and paste samples were then weighed, the paste 
dissolved in the least amount of 6  N  sulfuric acid and the 
samples diluted to a given volume. Since known volumes 
of the liquid phase w7ere taken as samples, a measure of the 
density was obtained. However, in regions of high solu­
bility these measurements would be subject to a “ drainage 
error.”

The iodometric method of Brizzolara, Denslow and Rum- 
bel8 was used to analyze for chromate. Zinc was precipi­
tated from a basic solution with 8 -hydroxyquinoline essen­
tially according to the procedure given for magnesium by 
Kolthoff and Sand ell9; the precipitate was dissolved and 
determined volumetrically with standard KBrOs and Na2S20 3 

by the procedure given by the same authors. 10 For zinc 
oxide samples of 35 mg., analysis by this method gave an 
error of ± 0 .7 % . Reagent grade materials were used in the 
analytical procedures.

To determine certain portions of the solidus curve, dry 
powders were prepared from pastes obtained by the methods 
given above. As a check on the drying conditions, in some 
cases, two samples from the same mixture were dried at 
different temperatures; essentially the same result was 
found for a given sample whether dried at 25° for 11 days or 
for 13-20 hours at 100°.

(8) A. A. Brizzolara, R. R. Denslow and S. W. Rumbel, Ind. Eng. 
Chem., 29, 656 (1937).

(9) I. M. Kolthoff and E. B. Sandell, “ Textbook of Quantitative 
Inorganic Analysis,’ ’ 3rd Ed., The Macmillan Co., New York, N. Y., 
1952, pp. 362-363.

(10) Ref. 9, pp. 607-608.
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Fig. 1 .— Phase rule diagram of the ZnO-Cr03-H 20  system at 25°: liquid-paste analyses (o); powder analyses (©); and
liquid-powder analyses ( •).

In the second phase of this investigation, 11 to a smooth 
paste of zinc oxide in water, formed by using a Vibratory 
Mixer, 1 2 a solution of chromium trioxide was added slowly 
while stirring or vibromixing. The samples were placed in 
4-ounce wide-mouth bottles with screw tops and '/is inch poly­
ethylene liners, then immersed and rotated as given above 
in a water-bath at 24.9 ±  0.1 °. Upon removal of the sample 
bottles from the bath, the liquid phase was filtered off under 
vacuum, the paste being pressed with a rubber dam to force 
liquid from it. The paste was weighed and dried to constant 
weight at 105-115°. The dried sample was pulverized and 
thoroughly mixed, then dissolved in 6  N HjSOj and analyzed 
as given above.

Experimental Results
The results of the liquid-paste analyses are listed 

in Table I along with the density of the liquid phase, 
the time the mixture was in the bath and the section 
of the phase diagram these data define. The values 
for %  ZnO and %  Cr03 are the mean of two deter­
minations which for values of 10% by weight and 
above agreed within 0.2 weight %  and below 10% 
by 0.02 weight % . The results of the experiments 
to determine when equilibrium was established un­
der the conditions of this study showed that after 
6 to 8 days there were no appreciable changes in 
the compositions of the liquid or solid phases. 
The differences in %  ZnO or %  Cr03 for samples 
removed after 3 to 4 days in the bath and those 
removed after 6 to 7 days were not found to exceed

(11) Carried out by R. H. Anderson.
(12) Purchased from A. G. fur Chemie, Apparatebau, Zurich.

0.1; although the magnitude of this change is large 
with respect to the liquid phase values in the region 
of low solubility, it is within the error in plotting the 
data and should not affect appreciably the deter­
mination of the solid phase composition.

To check the results of the liquid-paste and dried 
powder analyses in the range of low solubility, 
additional studies were conducted independently 
using a refined method of sample mixing (see Ex­
perimental Procedures). Table II summarizes the 
results of these liquid-powder analyses. Results of 
duplicate titrations for numbers 14, 15, 16 and 17 
showed agreement for %  Cr03 within ±0.001 
weight %  for the liquid phases, while for the solids 
it was within ±0.2 to 0.3 for %  ZnO and ±0.02 for 
%  Cr03. In four cases the composition of the 
solid has been corrected for the amount of liquid 
present when drying of the. paste was started.

The data given in Tables I and II along with the 
values found by analyses of dried powders, to sup­
plement the data in Table I, are shown plotted on a 
triangular diagram in Fig. 1.

The data in area B of the phase diagram indicate 
that a series of solid solutions exists from 69.8% 
ZnO, 18.2% Cr03 (I) to 65.3%0 ZnO, 23.7% Cr03
(II). The liquid compositions with which the solid 
solutions are in equilibrium have the invariant 
points at <0.01% ZnO, 0.004% CrOE and 2.4 ±  
0.4% ZnO, 5.4 ±  0.4% Cr03 as limits. The molar
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Table I
A n a l y t ic a l  R e su l ts  o f  L iq u id  P hase  an d  P aste  

A n a ly sis  a t  25°
Time 

in bath 
at 25°, 

days
Den­
sity,

g./nil.

-—Liquid phase—* 
% % ZnO OO 3 

by wt. by wt.

✓------Paste------ •
% % 

ZnO CrOs 
by wt. by wt.

Section
of

phase
diagram

5 <0.01 <0.01 27.9 3.20 A1-5
5 <0.01 <0.01 26.0 4.30 A 1'5
3 <0.01 <0.01 10.4 2.08 A 1'5
3 0.998 <0.01 <0.01 27.3 6.15 A 1'5
3 0.04 0.08 27.6 7.41 B w

5 1.000 0.21 0.34 27.1 7.79 B 1'5

5 1.002 0.47 0.90 23.7 8.18 ßi.5
6 0.74 1.37 22.7 8.26 R1.5
6 1.016 0.95 1.89 20.8 8.32 B 1'5
7 1.032 1.36 3.40 21.0 9.47 B 1,5

11 ‘1.052 1.62 4.75 19.4 10.10 B ,  O 5
4 1.063 2.88 5.54 24.5 13.7 O 5
5 1.056 2.45 5.20 34.3 19.4 C 1'6
6 1.066 2.60 5.72 31.7 20.0 O 3
6 1.073 2.85 6.01 29.2 19.6 C, D 1'5
4 1.132 3.73 10.0 27.6 20.7 D 1'6
4 1.216 6.00 15.5 29.3 24.2 D “
5 1.323 9.45 22.0 34.4 28.4 D 1'6
4 1.354 10.1 24.1 26.6 27.8 D 1-6
4 1.390 10.8 26.0 37.0 30.9 D>.«
5 1.429 11.5 27.7 31.2 30.8 Di.o
3 12.2 29.5 27.9 31.2 D 1'6
4 1.490 12.6 30.1 33.6 33.0 E2.6
5 12.0 29.9 30.0 33.4 E ,F
3 1.550 14.1 33.6 26.8 34.9 P2.G
4 1.588 15.7 35.1 39.1 35.7 P2.6

11 14.8 35.8 22.1 35.9 P2.G
3 1.602 14.6 35.7 31.4 36.5 P2.0
4 1.598 15.0 36.6 30.8 38.3 G2'6
6 1.608 15.4 36.7 38.3 42.0 G2-6

11 15.8 37.0 29.2 42.4 G2’«
6 1.620 15.4 36.5 34.4 44.5 Q2.S

7 1.688 16.4 39.0 33 .3 46.2 H «
7 1.742 17.1 40.7 31.8 46.6 H «
5 1.738 18.9 42.4 35.9 47.4 H 3,G
5 1.793 18.3 43.8 31.9 47.0 I P «
5 1.878 18.6 45.4 26.8 46.7 H3'5
5 19.4 46.0 28.7 47.0 H «
7 1.865 19.4 47.0 29.6 47.4 H 3’6
4 20.5 4S.7 27.4 48.5 H 3'6
4 1.925 21.1 51.0 27.5 50.7 J 3,0
8 21.1 51.7 26.9 52.7 p,6
5 21.1 52.0 25.4 52.8 J3.6
4 21.0 52.0 29.5 54.2 J 3.6
4 21.9 5C.8 23,0 54.4 I, J4'6
5 2.07 20.4 52.9 23.2 57.4 J4.6
5 1 .965 18.8 53.8 21.2 56.5 J4'6

13 2.07 18.6 55.0 21.8 59.1 J4,G
13 17.9 57.6 20.7 59.5 J4 .0

7 1.970 16.3 6C.6 19.6 61.2 J, K «

5 2.13 16.5 6C.7 20.5 62.4 K «

0 16.4 60.5 1 0 .0 78.7 K «

5 2.06 16.0 60.8 13.3 67.0 K , L 4' 6

4 13.4 60.5 3.9 89.0 L 4' 6

5 12.5 60.6 3.7 88.6 L4,0
4 10.3 61.0 3.9 86.6 L 4' 6

4 6.9 61.4 2.3 90.0 . L 4' 6

4 3.6 62.3 0.78 91.0 L «

1 63.4 L 6

" Superscripts mixtures prepared by method 1, 2, mix­
tures prepared by method 2 . 3, mixtures prepared by method

3, 4, mixtures prepared by method 4, 6, liquid and paste 
samples obtained by method A, 6, liquid and paste samples 
obtained by method B.

T a b l e  II
A n a ly sis  o f  L iq u id  an d  S olid  P hases

Mix­ Time -—Liquid phase— -—Solid phase0—n
Section

of
ture iin bath, %  ZnO % CrOa 

by wt.
% ZnO % CtO, phase

no. days by wt. by wt. by wt. diagram
14 0 < 0 . 0 1 0.004 91.84 4.25 A
15 0 <  .01. .006 85.39 7.51 A
16 0 <  . 0 1 .005 77.77 13.16 A
17 6 <  . 0 1 . 0 0 2 72.70 16.00 A
18 7 <  . 0 1 .003 69.38 17.40 A
19 5.5 .288 .555 67.14s 20.91s B

2 0 5.25 .979 2.047 6 6 . 0 2 s 22.33s B
2 1 1 0 1.442 2.198 64.70s 23.40s B
2 2 9 2.191 5 . 003 61 .12s 27.95s C
“ Dried at 105-115° to constant weight . 6 Value cor-

rected for liquid adhering to solid.

ratios of Zn0 :C r03:H20  for the two limiting solid 
solutions are 4.7:1.0:37 and 3.4:1.0:2.6. The 
end-points of the three solidus regions bounding 
portions A, B and C were taken as the points of 
intersection of the solidus lines determined by 
drawing the best line through the points found by 
powder analysis; these intersections are found to be 
consistent with the available liquid-paste and liq­
uid-powder data. The values for the two sets of 
dried samples when plotted in Fig. 1, although 
showing differences in the %  H20  of 1 to 2% are 
considered to be in satisfactory agreement to give 
approximate solidus lines. The differences found 
in Sections B and C are probably due to the correc­
tions made in the data from Table II. It can be 
seen that the two sets of data, obtained by inde­
pendent investigators, separately indicate solid 
solutions in this region and also are in close agree­
ment concerning the composition of the liquid 
phase.

In area D of the diagram liquid compositions from 
the invariant points at 2.4% ZnO, 5.4% Cr03 to an­
other at 12.6 ±  0.0% ZnO, 30.0 ±  0.1%.CrO3 are 
in equilibrium with a solid containing 58.4% ZnO 
and 34.6% Cr03 (III) corresponding to a ZnO: 
Cr03:H 20  molar ratio of 2.0:1.0:1.1 indicative of 
the compound 2Zn0-Cr03Ti20.

The solid in equilibrium with liquid phases con­
taining from 12.6% ZnO, 30.0% Cr03 to the next 
invariant point at 15.4 ±  0.2% and 36.7 ±  0.2% 
Cr03 (area F) contains 43.7% ZnO and 36.3% 
Cr03 (IV) or a ZnO: Cr03: H20  molar ratio of 1.5:
1.0:3.1. The compound 1.5 Zn0-Cr03-3H20  is 
therefore indicated; due to the uncertainty in this 
point of intersection, the number of moles of water 
reported here is only approximate and may vary 
from 2.5 to 3.5.

A third compound found to occur as a stable solid 
phase (Section H) has 35.7% ZnO, 47.9% CrOs (V) 
giving a Zn0 :C r03:H20  molar ratio of 0.9:1.0:1.9. 
The compound Z n 0 C r0 3-2H20  is therefore found 
as the solid which appears to be existing in equilib­
rium with liquid compositions ranging from 15.4% 
ZnO, 36.7% Cr03 to another invariant point at
21.3 ±  0.3% ZnO, 51.5 ±  0.5% Cr03. As can be 
seen in Fig. 1, tie-lines are not given connecting 
either of the invariant points to the point of inter­
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section; therefore, there is some possibility of a ser­
ies of solid solutions occurring in either of these 
areas accompanied by invariant points.

The existence of a final ZnO-Cr03 compound 
under the conditions of this study is shown by the 
tie-lines defining section J ; the %  ZnO is 25.5 and 
the %  Cr03 62.5 (VI) giving a Zn0 :C r03:H20  mo­
lar ratio of 1.0:2.0:2.1 indicative of the compound 
Zn0-2Cr03-2H20. As can be seen from the figure 
the %  H20  is doubtful and could vary from 1.5 to
2.5. Although two separate points of intersecting 
appear to be present in this region, this behavior is 
probably due to non-equilibrium conditions in some 
of the samples. The final invariant point con­
tains 16.3 ±  0.2% ZnO and 60.7 ±  0.1% Cr03.

In the last section of the diagram, Cr03 is found 
to be the solid in equilibrium with the final portion 
of the liquidus curve.

Over the range of composition from <0.01% 
ZnO, 0.004% Cr03 to 2.4% ZnO, 5.4% Cr03 in the 
liquid phase, the molar ratio of Cr03:ZnO, although 
showing a rather large variance in some cases, is 
found to increase from a value of approximately 1 to
2. From this second invariant point to a composi­
tion of 21.3% ZnO, 51.5% Cr03 the Cr03:ZnO mo­
lar ratio has an apparently constant value of 1.96 ±  
0.06. Over the remaining range to the liquid con­
taining only chromium trioxide, the ratio is variable 
and increases.

Discussion
Although compounds with a zinc oxide content 

greater than 2Zn0:C r03 have been reported by a 
number of investigators,3’5-7 none were shown to 
exist in Zn0-C r03-H 20  equilibrium mixtures at 
25° in this investigation. From a phase rule study 
at 25° Groger3 claimed the existence of two com­
pounds in this region, 4Zn0-Cr03-3H20  and 3ZnO- 
Cr03-2H20. Another compound believed to occur 
at 25° in this range of low solubility is zinc tetroxy 
chromate,7 5Zn0-Cr034H 20. The more recent 
work of Hayek, Hatzl and Schmid,5 which in­
cluded conductivity data and X-ray powder dia­
grams as well as analytical determinations of vari­
ous liquid-solid equilibrium mixtures at 35°, indi­
cated the presence of the compound 3.5ZnOCr03- 
2.5H20  whereas the compounds reported by Groger 
were not found. A more basic compound believed 
to be identical with zinc tetroxy chromate was also 
reported by these authors, although the conductiv­
ity data did not support their claim. Feitknecht 
and Hugi-Carmes6 investigated Zn0-C r03-H 20  
equilibrium mixtures at 20° by using the Schreine- 
makers residue method along with special tech­
niques for determining the moles of water also re­
ported the 3.5Zn0-Cr03-2.5H20  compound and 
another hydrate. By the controlled precipitation 
from a zinc dichromate solution with standard al­
kali, the more basic composition 4-5ZnOCr03-3- 
4H20  was also obtained; it was found that along with 
the change in ZnO:Cr03 ratio given above, the 
composition of the liquid phase in equilibrium 
changed also indicative of a series of solid solutions. 
Determinations of the configuration of the solid 
materials from the composition and X-ray powder 
diagram led to the proposal that this change is ac­
companied by a continuous replacement of chro­

mate by hydroxyl ions.6 The present investigation 
gives evidence that a series of solid solutions is also 
present in this area of the phase diagram at 25°; in 
this case the limiting Zn0 :C r03:H 20  molar ratios 
were found to be 4.7:1.0:3.7 and 3.4:1.0:2.6. 
Although there is some apparent convergence of 
two tie lines in the region of 3.5Zn0-Cr03-2.5H20  
(see Fig. 1), the liquid compositions which could 
possibly be in equilibrium with this solid are lim­
ited to a range containing concentrations of zinc 
oxide and chromium trioxide of 0.18 and 0.33, re­
spectively, to 0.33 and 0.59 mole/liter. As in the 
case of the 3.5ZnO:CrOs compound the data pres­
ent here do not completely rule out the existence of 
zinc tetroxy chromate as a compound at 25°, but 
they do greatly limit the range of compositions over 
which liquid-solid mixtures would contain it as a 
stable solid phase.

From this investigation the following five com­
pounds are believed to occur as stable solid phases in 
Zn0-C r03-H 20  mixtures at 25°: 2Zn0-Cr03-H20, 
1.5Zn0 Cr03-3H20, Zn0-Cr03-2H20 , Zn0-2Cr03- 
2H20  and Cr03. The first of these has been found 
by other investigators6’6 at 20 and 35°; Groger3 
gave 1.5 as the number of moles of water in this 
compound. Groger also reported the compounds 
1.5Zn0’Cr03’V2H20  and Zn0-Cr03H20. Al­
though there is considerable uncertainty in the 
number of moles of water reported in this study for 
the 1.5ZnO: Cr03 compound, the amount of water is 
2 to 3 moles higher than that found by Groger. 
Previously published investigations did not include 
the remaining range of still higher solubility, but 
the preparations of Zn0-2Cr03-3H20  and ZnO- 
2Cr03 have been given in another paper.4 The 
present study, however, indicates the presence of 
two molecules of water in this compound, although 
again there is considerable uncertainty in this figure. 
The compound Zn0-3Cr03-3H20  prepared by 
Groger4 was not found.

The molar ratios of Cr03: ZnO in the liquid phase 
at 25° as described in the preceding section are in 
agreement with those obtained at 20 and 35°6’6 
over the region of the solid solutions and the com­
pound 2Zn0-Cr03 H20, the range covered by those 
investigators. The steady increase of this ratio 
from 2:3 at the point of lowest solubility to 2:1 as 
that in equilibrium with the ZnO:Cr03 compound 
at 25° as reported earlier3 was not found. Con­
cerning the temperature dependence of the solubil­
ity, preliminary experiments have indicated that 
the amount of soluble material, at least in the range 
of the solid solutions and the next lower invariant 
point (areas B and C in Fig. 1), decreases with a 
rise in temperature, the precipitate formed dissolv­
ing by lowering the temperature back to 25°. If 
this is true the limiting ZnO and Cr03 concentra­
tions should decrease with a rise in temperature. 
There is some indication of this when the data given 
here and obtained at 3506 are compared for the 
2Zn0-Cr03-H20  compound. Other comparisons 
with that study are not possible due to the different 
results reported for the solid phase. However, com­
parison with the data obtained at 20°9 also shows a 
decrease in both the ZnO and C r03 molar concen­
trations with decreasing temperature. It appears
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therefore that further investigations are necessary 
to resolve this problem.

From the phase diagram it can be seen that the 
compound Zn0-2Cr03 2H20  is completely soluble 
at 25° after the total amount of water exceeds ap­
proximately 28% by weight. However upon addi­
tion of greater amounts of water the solution still 
exists as a saturated one. When water is added to 
the compounds Zn0-Cr03-2H20, 1.5Zn0Cr03- 
3H20, and 2Z n 0C r03H20 , the solid undergoes a 
change in composition to a compound, a solid solu­
tion, a mixture of compounds or a mixture of a solid 
solution and a compound containing ZnO:Cr03

molar ratios dependent on the total composition of 
the final liquid-solid mixture. The amount of solu­
ble material, which can be calculated from the data 
plotted in Fig. 1 will depend on the final composi­
tion, the solubility increasing with the % H 20  
present.

The range of solid compositions of greatest use as 
corrosion inhibitors for metals is probably the series 
of solid solutions which show a relatively low solu­
bility. Along with the continuous change of com­
position which occurs when going from one limiting 
solid solution to the other a corresponding change 
in physical and chemical properties should occur.

THE EQUILIBRIA BETWEEN DI-r-DECYLAMINE 
AND SULFURIC ACID

By K enneth A. Allen

Oak Ridge National Laboratory, Oak Ridge, Tennessee 
Received January 9, 1956

Benzene solutions of di-n-decylamine have been equilibrated with aqueous sulfuric acid at 25°. The amine salts remain 
in the organic phase, and the data are interpreted on the basis of association of these species. Equilibrium constants for the 
formation of colloidally dispersed amine sulfate and for sulfate-bisulfate exchange within the colloid are evaluated. The 
precipitation of pure di-n-decylamine bisulfate at a given acid activity independent of total amine concentration is attributed 
to a maximum bisulfate content for a stable colloidal dispersion corresponding to approximately equal moles of sulfate and 
bisulfate.

I. Introduction
High molecular weight amines in organic diluents 

have been shown to extract a wide variety of sub­
stances from aqueous solutions. Some of these 
extractions are useful in analytical procedures1 and 
others show promise of possible application to indus­
trial purifications.2 The fundamental processes 
underlying this behavior of the long chain amines 
are therefore of some interest.

Solubility and extraction data obtained in the 
systematic studies have provided considerable evi­
dence indicative of association of the amine salts in 
the organic phases.2 Titrations of benzene solu­
tions of di-n-decylamine (hereinafter this amine 
will be referred to as DDA) with sulfuric acid have 
been shown by Baes to support this view, and the 
extraction of iron by DDA sulfate has been inter­
preted from this standpoint.3 The mole per cent, 
of amine bisulfate formed by DDA in the solvent 
Amsco G was found by Horner to be a very nearly 
linear function of the pH of half molar sulfate aque­
ous phases containing sulfuric acid and sodium sul­
fate.2

The present investigation was undertaken with 
the object of obtaining more evidence as to the na­
ture of the equilibria involved in these reactions. 
In a previous paper it was shown that the sulfuric

(1) E. L. Smith and J. E. Page, J. Soc. Chem. Ind. {London), 67, 
48 (1949); J. Y. Ellenburg, G. W. Leddieotte and F. L. Moore, Anal. 
Chem., 26, 1045 (1954); Ii. A. Mahlman, G. W. Leddieotte and F. L. 
Moore, ibid., 26, 1939 (1954).

(2) K. B. Brown, C. F. Coleman, D. J. Crouse, J. O. Denis and 
J. G. Moore, Classified Report ORNL-1734, May 27, 1954; D. J. 
Crouse and J. O. Denis, Classified Report ORNL-1859, February 1, 
1955; J. G. Moore, K. B. Brown and C. F. Coleman, Classified Report 
ORNL-1922, June 24, 1955.

(3) C. F. Baes, Jr., unpublished work; Classified Report ORNL- 
1930, July 25, 1955.

acid extraction behavior of tri-re-octylamine was 
consistent with a quantitative treatment based on 
partial aggregation of the sulfate species.4 5 The 
present results are in accord with those of the earlier 
work, and the treatment is along the lines of that 
found applicable in the case of the tertiary amine, 
although specific differences in behavior between 
the two amines have been observed.

II. Experimental
Materials.— The di-ra-decylamine used in this wrork was 

prepared in the following way. 6 Armeen 10D (a mixture of 
8 , 1 0  and 1 2  carbon straight chain saturated primary amines, 
principally ra-decylamine) was fractionated in a Podbielniak- 
type still; 900 g. of product with a boiling range of 216-217° 
at 725 mm. was collected. This material was heated in a 
reaction vessel under argon with about 200 g. of Raney 
nickel and 400 ml. of ethyl alcohol. The alcohol was al­
lowed to evaporate slowly without reflux. Rapid ammonia 
evolution commenced at 140°, continuing until the tem­
perature of the reaction mixture reached 150° over a period 
of about ten minutes. Further heating for 20-30 minutes 
raised the temperature to 2 2 0 ° with markedly decreased 
ammonia evolution. The cooled partially solidified mix­
ture was taken up with chloroform and filtered. Fractional 
distillation resulted in a center cut of 450 g. of DDA in the 
boiling range 195-196° at 5.0 ±  0.1 mm.

This material was subjected to both total and differential 
titrations. 6 The resulting apparent molecular weight was 
298.6 (theoretical lor DDA 297.6). The primary amine con­
tent was found to be less than 0.5%, and the tertiary 3 ±  
1%, using the methods referred to. Titration curves con­
structed from the sulfuric acid equilibration data given in 
the following section showed inflection points at 98.0 ±  0.5%  
of theoretical for DDA concentrations in benzene ranging 
from 0.05 to 0.5 M . Assuming tertiary amine to be the 
only impurity, and that its behavior is similar to that of tri-

(4 ) K. A. Allen, T h is  J o u r n a l , 60, 2 39  (1 9 5 6 ).
(5 ) The preparation, purification and analyses of this amine were 

carried out by W. J. McDowell of this Laboratory.
(6 ) C . D. Wagner, R. H. Brown and E. D. Peters, J. Am. Chem. 

Soc., 69, 2 6 0 9  (1 9 4 7 ) ;  2611  (1 9 4 7 );  C . E. Pifer, E. G . Wollish and M. 
Schmall, Anal. Chem., 25, 3 1 0  (1 9 5 3 ).
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n-octylamine, inspection of the comparative titration curves 
for the latter and DDA (Fig. 1) shows that at the inflection 
point for DDA only a negligible amount of acid will have 
been consumed by the tertiary impurity. On this basis the 
sulfuric acid equilibrations indicate a tertiary amine content 
of 2.0 ±  0.5% , in agreement, within experimental error, 
with the value obtained by differential analysis. Free 
amine concentrations below the equivalence point were 
therefore calculated from 98.0% of the concentrations given 
below (e.f/., in this range, the 0.05 M  solution was treated 
as being 0.0490, the 0.1 M  solution as 0.0980, etc.).

Above the equivalence point the salt forms of DDA and 
tri-re-oetylamine behave very similarly, as is shown by Fig. 
1. Consequently, in the bisulfate range the tertiary im­
purity was ignored and all calculations were based on the 
total concentrations shown. The 0.5 M  solution was pre­
pared on a weight basis, using the apparent molecular weight 
obtained by analysis. The other solutions were obtained 
by dilution from the half molar stock. These benzene solu­
tions were prepared at 25° and stored in a 25.00 ±  0.05° 
thermostat throughout their period of use. The other 
materials were of the usual reagent grade furnished by the 
large chemical supply houses.

Procedure and Analyses.— The apparatus and technique 
employed for the equilibrations were the same as those de­
scribed for tri-n-octylamine.4 A series of preliminary rate 
studies showed that equilibrium was attained by all the 
DDA solutions vs. widely varying amounts of sulfuric acid 
in at most 30 minutes. The data reported below are based 
on shaking times of one hour or more at 25.0 ±  0.1°. 
Aqueous acid concentrations greater than 10~3 M  were de­
termined volumetrically with standard base. The lower 
sulfuric acid molalities reported were obtained by pH meas­
urement, using a Beckman Model G meter and an experi­
mentally determined calibration curve. These results are 
shown with two and three significant figures, but it should be 
pointed out that they may be in error by as much as ±1 0 % , 
and possibly more in the very low range. This source of 
error, together with the known impurity of the amine, is 
considered to account for the scatter observed in the points 
calculated for the data below the equivalence point. The re­
liability of the data above this point is comparable to that 
encountered in the case of tri-ra-octylamine.4

Sulfuric acid absorbed into the organic phases was meas­
ured by titration with standard sodium ethoxide.7 When 
necessary free amine was then determined in the same sample 
by potentiometric titration with perchloric acid in dioxane.

(7) J. S. Fritz, “ Acid-Base Titrations in Non-aqueous Solvents,’ ’
G. Frederick Smith Chemical Co., Columbus, Ohio, 1952.

III. Results and Discussion
The aqueous sulfuric acid activities used in the 

graphs and equilibrium constant expressions given 
below were obtained from Harned and Owen8 using 
the graphical method described previously.4 For 
brevity and convenience in the following discus­
sion reacting sulfuric acid is written in the undisso­
ciated form and the symbol R is used to denote the 
amine molecule (CioH2i)2NH. The reaction for 
normal sulfate formation is

H2S04 +  2R = R2H2S04 (1)
and the corresponding equilibrium constant, as­
suming true solution behavior and unit activity co­
efficients for the benzene soluble species, should be

=  [R2H2SO„]
anW RP ( 2)

Plots of log aH2so4 vs. log [R2H2S04] /[R ]2 calcu­
lated from data obtained below the equivalence 
point for 0.05, 0.1, 0.2 and 0.5 M  DDA did not 
conform to the behavior predicted by (2). The 
points for the different concentrations exhibited 
widely separated lines, and there was no indication 
of any tendency for these lines to approach coinci­
dence at low organic sulfate levels, as was the case 
with tri-n-octylamine. It was therefore tentatively 
concluded that with DDA aggregation occurs im­
mediately on the formation of the first amine sul­
fate.

On this basis (2) may be rearranged, giving

«H2S04 [R]2 [R2H2S04]c
K ' (3)

where the subscript c denotes the colloidal salt of 
constant activity. The right-hand side of (3) 
should be a constant, and we write

K " =  ameodR] 2 (4)
again assuming unit activity coefficient for the free 
amine. In Fig. 2 log a]/23SOt is plotted against log 
[R ].9 Although the points on this plot exhibit seri­
ous scatter, there is no evidence of any systematic 
departure from the line shown as a function of total 
amine concentration. There is some indication of a 
general, and possibly real, curvature toward the 
theoretical slope at high activities. Along the line, 
the apparent amine sulfate concentrations vary ap­
preciably (e.g., at [R] =  0.04, the ratio between 
[R2H2S04] for the 0.5 M  data and that for the 0.05 
M  data is ca. 45), and it may be concluded, within 
the experimental error indicated by the observed 
scatter, that below the equivalence point the rela­
tionship between acid activity and free amine con-

(8) H. S. Harned and B. B. Owen, “ The Physical Chemistry of 
Electrolytic Solutions,’ ’ 2nd Ed., Reinhold Publ. Corp., New York, 
N. Y., 1952.

(9) As in the case of tri-?i-oetylamine, bisulfate corrections were 
found necessary for the low [R] values at high acid activities. These 
corrections were much smaller here, however, because of the greater 
basicity of DDA. Free amine concentrations were calculated from 
the material balance relation

[R] =  [SR] -  2[2S] j-A -j : (5)

where [SR] and [SS] denote, respectively, total amine and total 
organic sulfate in moles per liter, and the equivalent fraction X  of 
bisulfate was obtained from

A7"2
K z  = ------ ,, —  =  2000 (see below).

aHsso/l -  A)
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centration is independent of the amount of salt 
present.

The line of Fig. 2, being of slope —1 instead of 
— 3/ 2 as predicted by equation 4, leads to an empiri­
cal constant of the form

Ki = OHiSodR]3 ~ 6  X 10~18 (moles/liter)6 (G) 
which is consistent with an activity coefficient for 
the free amine in benzene y r  cc [R]'A Tri-w-octyl- 
amine was found to obey (4) in this region after 
correcting for a hypothesized distribution of free 
amine between solvent and colloid, implying at 
least a constant activity coefficient.

The data from equilibrations in the bisulfate 
range were treated as in the previous paper4; the 
formation of amine bisulfate is regarded as an ex­
change reaction, viz.

2HS04-  +  R2H0SO4 =  2 RH2SO4 +  SOu (7) 
The sulfate and bisulfate species are considered to 
form a series of ideal solutions within the aggre­
gate, and their activities are taken equal to their re­
spective equivalent fractions.10 Accordingly 

T-, _ 080i = X2rh2S0,
3 02H30i — Xr2h2SO,

Here, for brevity, we put X  =  X r h 2so , = [RH2- 
S04] / [ 2R], and since it is apparent from K\ that in 
this region only negligible quantities of amine re­
main uncombined, X r2h 2so , = 1 — X .  The 
aqueous ion activity ratio readily can be shown to 
be proportional to l/aHsso, and we obtain the sim­
pler equivalent expression

K l  =  04,80,(1 -  X )  (9)

In Fig. 3 log X 2/  (1 — X ) is plotted against log 
ansSOi- Here the 0.05 and 0.1 M  data are super­
imposed on a straight line of the slope (unity) re­
quired by (9), but systematic departures are evi­
denced by the data for the two higher concentra­
tions. These departures are in the direction which 
would be expected for true solution behavior, al­
though their magnitude is by no means sufficient 
for any actual correlation on this basis. It seems 
more reasonable to attribute them to failure of the 
activity relationship assumed for the colloidal spe­
cies and expressed in (8) as equivalent fractions. 
The line shown leads to a value for Jv2 of 2600 ±  
400 (moles/liter) ~8, with the restrictions that this 
constant holds only for total amine concentrations 
between 0.05 and 0.1 M  and for equivalent fractions 
of bisulfate less than 0.25.11 Bisulfate formation in 
0.1 M  DDA equilibrated with half molar sulfate 
solutions of varying acid activity was found by 
Baes3 to be several per cent, less than is shown here 
in the range over which /v2 is valid. On the plot of 
Fig. 3, his data would fall between the line and the 
points for the 0.2 M  solution; this difference may in 
part be attributed to uncertainty in the values of 
iimso, for the half molar sulfate solutions. Unpub­
lished data obtained with one molar sulfate indicate 
that this trend continues in at least a qualitatively 
consistent manner.12

(10) A. P. Vanselow, Soil Set., 22, 9o (1932); G. E. Boyd, J. Schu­
bert and A. W. Adamson, J. Am. Chem. Soc., 69, 2818 (1947).

(11) The bisulfate data obtained by Ilorner2 for DDA and di- 
laurylamine in aromatic mineral spirits at about 35° lead to a value 
for Ki (as defined by equation 9' of ca. COO.

(12) W. J. McDowell, private communication.

Fig. 2.— Free amine vs. 0

Fig. 3.— Bisulfate equilibria.

T h e cu rvatu re a w ay  from  the line exhibited  b y  
th e three m ore co n certrated  solutions at higher 
a ctiv ities  is ap p aren tly  real, and m ay be taken  as an 
indication  of a grad u ally  decreasing ten d en cy  for 
the salt to  absorb m o rj bisulfate. Increasing the 
aqueous sulfuric acid  concentration  to  still higher 
levels resulted in th e appearance of a p recip itate  a t 
an acid  a c t iv ity  of ca. _.G X  10~~4. T h is  solid was 
found to  be th e pure b isu lfate b oth  from  direct an­
a ly s is12 and m aterial balance differences (see T a b le  
I). A  rough estim ate c f the upp er lim it of its  solu­
b ility  in benzene a t 25° w as m ade b y  contactin g 
successively  d iluted  D D A  solutions w ith  large v o l­
um es of half m olar sulfuric acid. T h is experim ent 
lim ited the so lu b ility  c f th e b isu lfate to less than  
0.001 M,  b y  v isu al inspection  of th e equilibrated  
organic phases.

In  another series of equilibrations 0.05, 0.1, 0.2 
and 0.5 M  D D A  solutiens w ere con tacted  w ith  suc­
cessively  increasing aqueous concentrations at 25°. 
F a v o ra b ly  large aqueoi.s/organic phase ratios w ere 
used, and a t each acid  level a. sufficient num ber of
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of aqueous sulfuric acid at 25°.

pH.
Fig. 5.— Colloid composition as equivalent fraction of 

di-?t-decylamine in bisulfate form vs. pH of aqueous sulfuric 
acid at 25°. Total amine molarity in benzene must not 
exceed 0 . 1  M.

equilibrations were made to ensure equilibrium at a 
known acid activity. By visual inspection, again,

it was shown that in all four amine solutions pre­
cipitation occurred between aH2so4 = 1.6 X 10-4 
and aH2so4 = 1-8 X 10~4. In the range of amine 
molarities used it is therefore concluded that this 
effect is essentially independent of total amine con­
centration.

The data shown in Table I were obtained in order 
to further elucidate this phenomenon, with particu­
lar emphasis in this case on the composition of 
the species remaining in solution after an appreci­
able fraction of the amine has been precipitated. 
The mole ratios of sulfate to amine in the species 
remaining dispersed are very close to two thirds, 
with slight increases for the 0.1 and 0.2 M  solutions 
at the higher acid concentrations shown. This ratio 
corresponds to the composition (RiEUSCh-RIKSCh)« 
for the aggregate, and is considered to represent 
an approximate value for an upper limit of bisulfate 
content consistent with colloidal stability. In con­
trast to this behavior of DDA, the bisulfate salt 
of tri-n-octylamine was found to be appreciably 
soluble in benzene.4

Table I
Equilibration Data with Precipitated Bisulfate

[SR] [HbSOUaq [R]
---- Solution—

[HsSOiJorg
[H2S04]„rg?

[R]
0.1 0.273 0.0212 0.0306 0.69

.1 .365 .0130 .0177 .73

.2 . 196 .0766 .111 .69

.2 .297 .0282 .0397 .71

.5 .198 .0550 .0816 .67
-P * •/

[SR] [ILSOlJaq R( mmoles)
H2SO4

(mmoles) H2SO4/R
0.1 0.273 1.388 1.385 1.00

.2 .196 1.778 1.811 1.02

.5 .198 8.368 8.160 0.97

The plots shown in Figs. 4 and 5 are included as 
a means of presenting the significant results of this 
investigation in an easily interpreted form. The 
points were calculated from the equilibrium con­
stants given in the text. Sulfuric acid activities 
were converted to molarity and then to pH graphi­
cally, using an experimentally determined calibra­
tion curve for the latter conversion. In the case of 
the bisulfate plot (Fig. 5) the total di-n-decylamine 
molarity in benzene should not exceed 0.1 M, al­
though readings at moderately higher concentra­
tions (less than 0.2 M) will not be in serious error. 
Bisulfate precipitation commences at a pH of about 
0.9. The relationships depicted in Fig. 4 are inde­
pendent of total amine concentration.
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GASEOUS MOLYBDENUM OXYCHLORIDE
By N eilen Hultgren and Leo Brewer

Radiation Laboratory and Department of Chemistry and Chemical Engineering, University of California, Berkeley, California
Received January IS, 1956

The reaction of M o03 with HC1 was studied and the formation of the gaseous molecule M o02Cl2 demonstrated. This 
molecule is probably responsible for the anomalous earlier observations of the reaction of molybdenum metal with hydrogen 
chloride gas.

N. L. Lofgren1 * ran Low experiments in which a 
mixture of H2 and HC1 gases was passed over solid 
molybdenum metal at 1200°K. in a silica system. 
Assuming a reaction of the form Mo(s) +  .rHCl =  
MoCL(g) +  x/2 H2, Lofgren found that x =  4 sat­
isfied the observed HC1 and H2 pressure depend­
ences. The calculated AS for the reaction Mo(s) +  
4HCl(g) =  MoCL(g) +  2H2(g) gave a AS of forma­
tion for MoCh(g) of +22 e.u. This was in marked 
disagreement with an estimated value of —15 e.u. 
and indicated that the proposed reaction was not 
the correct net reaction.

In the present work it was found that about 10~4 
atm. of H20(g) could suffice to cause the observed 
volatility of Mo if the reaction were Mo(s) +  
2H20(g) +  2HCl(g) =  M o02Cl2(g) +  3H2(g). 
The calculated and estimated entropy values for 
this reaction are in good agreement. If the forma­
tion of molybdenum halides from the reaction of 
molybdenum with hydrogen chloride gas is to be 
studied, it will require a very dry non-oxide system 
to prevent formation of M o02Cl2 gas.

Experimental
( 1 ) Flow Method.— HC1 was passed over heated M 0 O3 

and collected in a liquid nitrogen trap. The flow and pres­
sure of HC1 were controlled by a series of capillary tubes. 
After a given time the amount of HC1 collected and the 
weight loss of the Mo03 were measured. Temperatures 
were about 480 °K. Reproducible results could not be ob­
tained, even when the flow was as low as 9 cc./min.

(2) Click Gage.— MoO: and HC1 were heated in a sealed 
tube. The pressure was measured with a quartz “ click” 
gage accurate to better than 1 mm. of pressure for several 
series between 90 and 290°. Between 105 and 290° no devia­
tions from the ideal gas law were noted in the pressure as 
shown by a typical run presented in Fig. 1. The numbers 
given for each point indicate the order of taking the measure­
ments. The reaction Mo03(s) +  2HCl(g) =  M o02Cl2(g) 
+  H20(g) would show no pressure change. Also, a reac­
tion forming Mo02OHCl gas would show no pressure change. 
A reaction such as MoO+s) +  2HCl(g) =  MoO(OH)2CI2(g) 
would deviate from the ideal gas law by about 35 mm. of Hg 
at 250° if the equilibrium constants obtained below are 
correct. At temperatures below 100° the pressures be­
came too low, indicating formation of the known Mo03- 
211 Cl solid.

Figure 2 presents the results of heating Mo03-2HCl with 
HC1 gas in a sealed tube. The order of the observations is 
indicated in Fig. 2. Upon initial heating no deviations 
from perfect gas law were observed up to 100°. As the 
volatility of molybdenum species is very small at these tem­
peratures, no reactions of any type have taken place. 
Upon heating above 115° at 475 mm. HC1, dissociation of 
Mo0 3-2IIC1 solid to M o03 solid and HC1 commenced. 
The steeply rising portion of the curve represents the HOI 
pressure in equilibrium with the two solid phases M o03- 
2IIC1 and Mo03. Upon cooling, the system returned to 
perfect gas behavior at a higher HC1 pressure, indicating 
that the surface Mo03 hac. been reconverted to M o03-2HCl 
without reconverting the underlying MoO,. Figures 1 
and 2 correspond to two portions of a pressure versus tem­

(1) N. L. Lofgren, “ Gaseous Molybdenum Chlorides in HC1 and
H2 Atmospheres,’ ’ unpublished work, University of California, 1948.

perature curve at constant volume such as is given in Fig. 3, 
where the portion corresponding to the univariant three- 
phase region is independent of volume and amounts of 
material while the slopes of the straight-line sections depend 
upon the amounts of material as well as the volume of the

Fig. 1.— Total pressure of constant volume system starting 
with solid Mo0 3 and gaseous HC1.

Fig. 2.— Total pressure of constant volume system starting 
with solid Mo03-2HCl and gaseous HC1.
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Fig. 3.— Pressure versus temperature behavior for constant 
volume system with Mo03 and HC1 components.

system. Thus the intersections of the three curves can be 
changed by changing the volume of the system or the 
amounts of material as in the above two experiments.

(3) Quartz Fiber.— Mo03 was placed in a quartz pan 
located at the end of a 20-cm. quartz fiber sealed in a glass 
tube. The weight of the Mo03 could be calculated from the 
amount of deflection of the fiber as observed through a cathe- 
tometer. HC1 was added and the tube was heated in an 
oven. Air was circulated by means of a fan. Two different 
series of runs using different temperatures gave fairly con­
sistent results. At high temperatures there was some con-

Results
The HC1 pressure at each temperature can be 

calculated from the pressure at room temperature, 
the amount removed due to reaction with M o03, 
and the perfect gas law.

From 400-600°, AC/ for the reaction M o03(s) 
+  2HCl(g) =  M o02Cl2(g) +  H20(g) was estimated 
to be —6 cal./mole. A “ 2 ”  diagram was plotted 
against 1 /T  where 2 =  —R In K  -j- AC/ In T =  
AHo/T +  I. The slope of the curve gives AHa and 
the intercept gives I.

From the graph it is found that AHd =  24,800 ±
2,000 cal./mole and I  =  —72.2. Hence for the 
reaction M o03(s) +  2HCl(g) =  M o02Cl(g) +  
H20(g), AF =  24,800 +  13.8 T log T -  72.2T and 
AS =  —dAF/dT =  -1 3 .8  log T +  66.2.

At a temperature of 500°K., AS =  28.9 e.u. This 
gives an entropy of formation for M o02Cl2(g) of 
—15 e.u., which is in very good agreement with an 
estimated value of —15 e.u.

Using the above data, it is found that the reaction 
Mo(s) +  2HCl(g) +  2H20(g) =  M o02Cl2(g) +  
3II2(g) would account for the volatility of Mo ob­
served at 1200°K. by Lofgren if 10~4 atm. of water 
were present in his vacuum line. He states that the 
H20  pressure is less than 10~3 atm. in his line.

James Kane2 passed HC1, H2 and H20(g) over 
solid Mo in a short series of experiments yielding 
the data shown in Table II. The approximate ex­
trapolated K  for these temperatures (adding the 
equations M o03 +  2HC1 =  Mo0 2C12 +  H20  and 
3H20  +  Mo =  Mo0 3 +  3H2) is 0.02. The Mo0 3 
and H20  data were obtained from Coughlin.3 The

T a b l e  I
Mo0 3(s) +  2HCl(g) =  M o02(g) +  H20(g)

The P hci values given at room temperature are the pressures of HCl(g) in atm. introduced into the glass tube at room tem­
perature: The value given for Ph 2o was calculated from the weight of introduced water. W mo is the weight loss, in milli­

grams, of the MoOs on the pan. The volume of the system was 234 cc.
"K. PHiO, atm. Who, mg. K - R  In K A Op In T s ioyp

Run no. 1 (Phci =  0.192 atm. at 293°K.)
511 6.7 6.80 X  10“4 14.49 -3 7 .3 8 -2 2 .8 9 1 .957
544 15.6 4.29 X 10“3 10.83 -3 7 .7 5 -2 6 .9 2 1.838
558 19.2 6.96 X 10“3 9.87 -3 7 .9 0 -2 8 .0 2 1 .792
584 26.8 .0156 8.27 -3 8 .1 8 -29 .91 1 .712
611 36.8 . 0548 6.62 -3 8 .4 5 -3 1 .8 3 1.637

Run no. 2 (Phci = 0.518 atm. at 296 Tv.)
480 10.5 2.26 X 10 -“ 16.68 -3 7 .0 0 -2 0 .3 2 2.083
529 19.5 8.2 X IO-4 14.12 -3 7 .5 8 -2 3 .4 6 1.890
572 60.5 0.00367 11.14 -3 8 .0 5 -26 .91 1.748
609 96.5 0.0348 6.672 -3 8 .4 3 -3 1 .7 6 1 .642
637 . . 168 0.194 3.298 -3 8 .7 0 -3 5 .4 4 1.570

Run no. 3 (with water) (Phci =  0.141 atm. at 297°K. and 0.255 atm. at 535 °K.)
535 1.04 .1 2.78 X 10~3 11 .69 —37.G5 -2 5 .9 6 2.083

densation of greenish crystals on the glass tube. In the 
third run water was added. All the data are presented in 
Table I. The weight loss of the Mo03 was vastly diminished 
by addition of water. The only reaction considered plaus­
ible which shows no volume change and which produces 
water is M o03(s) +  2HCl(g) =  Mo02Cl2(g) +  H,0(g). 
After a run the formerly pale yellow M o03 on the tray was 
bluish black. The greenish crystals which condensed on 
cooling turned dark blue on exposure to air. As even min­
ute reduction of hexavalent molybdenum compounds often 
causes deeply blue colors, the color changes appear to be 
due to a slight reduction caused by reducing impurities or 
slight loss of oxygen.

uncertainties are large for both the high tempera­
ture determinations and the extrapolated value of 
the equilibrium constant for the reaction Mo(s) -f- 
2H20(g) +  2HCl(g) =  M o02Cl2(g) +  3H2(g). 
The difference may be due to experimental errors 
but under the condition of large water pressures 
the possibility of the formation of other molybde­
num compounds should be considered. Reactions

(2) J. S. Kane, unpublished work, University of California, 1954.
(3) .1. P. Coughlin, Bur. of Mines Bull., 542 (1954).
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such as Mo(s) +  3H20(g) - f  HCl(g) =  M o02-
T a b l b  II

V o l a t il it y  o f  M o ly b d e n u m  M e t a l  in  HC1, H2, H20  
G aseo u s  M ix t u r e s

Pmo
species Ph20.

T, atm. X / ' hoi. atm. X P h2.
°K. 106 atm. 103 atm. K
1156 20.3 0.307 5 . 3 0.652 2.0
1177 2.0 .303 5 . 3 .646 0.2
1175 8.7 .303 5 . 3 .650 0.9

OHCl(g) +  3H2 may account for the large volatil­
ity observed by Kane.

It is clear from these results that the study of the 
reaction Mo(s) +  4HCl(g) =  MoCl4(g) +  2H2(g) 
cannot be carried out in an oxide system due to the 
formation of M o0 2C12 gas and possibly other oxy- 
and hydroxy-chlorides of Mo at high temperatures 
and a completely metallic system will be necessary.

This work was performed under the auspices of 
the U. S. Atomic Energy Commission.

THE ENTROPY OF SOLUTION OF BROMINE 
IN PERFLUORO-n-HEPTANE

B y  L. W. R eeves  and  J. H. H ildebrand

Department of Chemistry and Chemical Engineering, University of California, Berkeley, California
Received January 14, 1956

The solubility of Br2 in n-C7FI6 between —5 and 25° conforms closely with the equation: logio x2 =  1.5398 — 849.58/7'. 
x* denotes mole fraction of Br2. At 25°, xz =  0.0490. The mole fraction of C7F16 in Br2 is of the order of 0  X 10-5. The 
partial molal volume of Br2 in C7 F1 6 at saturation is 72 cc., an enormous expansion over its molal volume, 51.5 cc. Its 
partial molal entropy of solution is 13.05 cal. deg.-1, whereas the entropy of dilution according to Raoult’s law would be 
only 6.0 e.u. The discrepancy can be accounted for by considering the entropy that would accompany (a) an expansion 
of the solvent by 20.5 cc., (b) the resultant increase in the free volume available to the Br2, (c) a “Flory-Huggins” entropy 
for mixing at constant volume, and (d) a small decrease in molecular order of C7Fi6 molecules adjacent to Br2 molecules.

In order to test the validity of any theory based 
upon a model, it is proper to select cases that sub­
ject it to considerable strain. It is for this reason 
that we have carefully studied solutions of iodine in 
f-heptane, where its activity coefficient is 1400, as to 
conformity with the theory of regular solutions.1 
There is one respect, however, in which that system 
is not altogether satisfactory. In that theory, the 
standard state chosen for both components is the 
pure liquid, and a wide extrapolation below the 
melting point of iodine is required to obtain the es­
sential properties of liquid iodine at ordinary tem­
peratures. The pair bromine and f-heptane, on 
the other hand, are both liquid above —7.7°; 
both have zero dipole moment; they are chemically 
inert toward each other, and the difference between 
their solubility parameters is very large. These 
considerations led us to undertake the study here 
reported.

Materials.— The f-heptane was from the stock purified 
by Glew and Reeves.2 The bromine was “ analytical grade”  
from Baker and Mallinckrodt, density 3.10235 g. ml.-1 at 
25°. Precautions were taken to keep it dry.

Solubility of Br2 in C7Fi6.—f-Heptane was saturated with 
bromine for periods of 8 to 24 hours in the apparatus de­
scribed by Glew and Hildebrand1 at temperatures constant 
to 0.002°. Portions were drawn off into a solution of KI 
and titrated with N/20 thiosulfate from a microburet. 
The equilibrium temperatures selected were all below room 
temperature, in order to avoid loss of bromine during the 
withdrawal of each sample. The results are given in Table I . 
r2 denotes the mole fraction of Br2.

Log Xz plotted against l / T  gives a straight line whose 
equation is logi„.T2 =  1.5398 -  849.58/2’ . The values in 
the last column were calculated by this equation.

(1 ) H. A. Benesi and J. H. Hildebrand, J. Am. Chem. Soc., 70, 3 97 8  
(1 9 4 8 );  J. H. Hildebrand, H. A. Benesi and L. M. Mower, ibid., 72, 
1017  (1 9 5 0 ) ;  D. N. Glew and J . H. Hildebrand, T his J o u r n a l , 60, 
6 16  (1 9 5 6 ) ;  J. H. Hildebrand and D. N. Glew, ibid., 60, 6 18  (1 9 5 6 ).

(2) D. N. Glew and L. W. Reeves, ibid., 60, 615 (1956).

T a b l e  I
So l u b il it y  of B r o m in e  in  L-He p t a n e , M ole  F r a ctio n

t, °c.
100 Z2,
obsd.

100 x%, 
ealed.

-1 1 .9 3 1.766 (solid)
-  4.97 2.343 2 . 3 4 5

-  0.12 2.603 2.690
4.41 3.019 3.013
9.84 3.453 3.456

14.78 3.887 3.882
19.94 4.366 4.377
25.00 4.898

Solubility of C7Fi6 in Br2.—This ivas determined from the 
diminution in volume of a small globule of f-heptane after 
equilibrating with a large volume of bromine.

The apparatus consists of a glass bulb to which are at­
tached two tubes, one a calibrated capillary, both with stop­
cocks near their outer ends, lubricated with fluorocarbon 
grease. The apparatus is filled with bromine through the 
larger tube. A small amount of f-heptane is added at the 
top of the capillary, and its volume measured with a cathe- 
tometer. The bromine wets the glass preferentially, there­
fore the f-heptane is a well-defined globule. The apparatus 
is then tilted so that the globule runs out of the capillary 
into the bulb and the apparatus is rocked so that the globule 
rolls around in contact with the bromine. After at least 24 
hours rocking, the capillary is raised to a vertical position, 
whereupon the globule runs up to the top where its volume 
is again measured.

The solubility is extremely small, therefore the results, 
shown in Table II, show considerable percentage fluctua­
tion. They could not be improved by using a much smaller 
capillary, because then the bromine would not displace the 
fluorocarbon. We can assert only that the mole fraction of 
f-heptane in bromine at 25° is approximately 5 X  10-6.

Partial Molal Volume of Br2 in CjF,6.— The densities of 
pure CjFip and of solutions of Br. therein, were determined, 
using a graduated, double stem pycnometer, having a vol­
ume of 28 cc. The mole fraction of Br2 in each solution was 
determined by titration. The density of the C7F16 was 
1.72004 ±  0.00005 at 25°. The results are given in Table 
III. v2 is the partial molal volume and v2° is the molal 
volume.



950 L. W. R e e v e s  a n d  J. H . H i l d e b r a n d Vol. 60

T a b l e  II
S o l u b il it y  of L H e p t a n e  in  B rom ine

t, °c.
Capillary,

cc./cni.
Mole % 

Br2
25 0.06 0.0052
31 .06 .0041
36 .06 .0078
25 .031 .0036

T a b l e  III
P a r t ia l  M o l a l  V o lu m e  of Br2 in  n-•C,F,6) 25°

Density 
of soln. 100 xi V2

(v j  — V20) /

1.72277 1.692 72.0 21.0
1.72358 2.228 72.4 21.6
1.72405 2.441 71.6 20.8
1.72842 4.918 71.5 21.6

Av. 21.3

The molal volume of Br2 at 25°, v2°, is 51.5 cc. The 
change of v2 — v2° with the composition of the solution at 
these high dilutions is almost masked by the experimental 
fluctuations, but the values obtained can be extrapolated 
to Xi = 0  by the relation, v2 — v2° =  ktpi2, where 4>i is the 
volume fraction of C7F1 6 . The average of the figures in the 
last column may be taken as the limiting value of v2 — v2°. 
It will be noted that this expansion is enormous, compared 
with the known cases, where it seldom exceeds 1 or 2% , ex­
cept in the case of iodine, recently reported,1 where we found 
an expansion from 59 to 100 cc.

The entropy of solution of Br2 in C7F i6 can be 
determined by aid of the pure thermodynamic 
relation already employed,3

a2 denotes activity. From a plot of the figures in 
Table I, we obtain R(d In x2/d In T) =  14.08. The 
Henry’s law factor, d In a2/d  In x2, is not far from 
unity in so dilute a solution. It can be estimated 
closely enough for our purpose by aid of the approxi­
mate relation, In a2 =  In x2 +  B<f>L2. The data in 
this case give B =  3.015 and d In a2/d In x2 =
0.927, whence s2 — s2 = 13.05 e.u.

Let us see what theoretical inferences we can 
draw from this figure. The contribution of expan­
sion to the entropy of mixing we determine by ex­
panding Xijxo moles of f-heptane by v2 — v2 cc. 
before introducing the bromine. The entropy of 
expansion is given by the expression

A S ,“ - =  ( v 2 -  v.°)(c)P / d T )v (2 )

In this case, v2 — v2° = 20.5 cc. The solution 
is so dilute in bromine that we may use the value 
of (dP/dT)v for pure f-heptane,4 * 6.75 atm. deg."1. 
This gives AS,ex- =  3.45 cal. deg.-1

Next, we add 1 mole of bromine to a large amount 
of solution containing x\/x2 moles of f-heptane. 
The ideal entropy for this dilution would be 6.0 
e.u., but because of the very different molal volumes
of these components, we use the Flory-Huggins 
expression for the athermal mixing of liquids hav­
ing unequal molal volumes

s2— s° =  —R ĵ ln $2 -j- 4>i ^1 — A ]  (3)

(3) J. H. Hildebrand and R. L. Scott, J. Chem. Phys., 20, 1520 
(1952).

(4) B. J. Alder, E. W. Haycock, J. H. Hildebrand and H. Watts,
ibid., 22, 1060 (1954).

This gives s2 — s2 =  7.32 e.u. Adding this to the 
entropy of expansion gives .10.8 e.u., considerably 
less than the experimental value above. The most 
obvious explanation of the discrepancy seems to be 
that the Flory-Huggins expression is not strictly ap­
plicable to a solution such as this. An athermal solu­
tion is ordinarily formed with little or no change in 
volume, but the expansion in this case is enormous, 
being exceeded only by iodine in the same solvent.

The senior author6 derived an expression for the 
entropy of mixing in terms of free volumes

- aSm/R =  Ni In A W
A,v,f +  A W +  N 2 In A'2V2f

A,Vif +  AT2v2f
(4)

It reduces to equation 3 if the free volumes are 
proportional to molal volumes. This, however, is 
far from true for components of such diff erent molec­
ular sizes and degrees of expansion as in this case. 
But it is not yet clear which of the possible defini­
tions of free volume is the one to use to obtain the 
proper values to substitute in equation 4. Bondi6 
has distinguished “ empty volume,” “ expansion 
volume”  and “ fluctuation volume.” The model 
used in deriving equation 4 corresponded to “ ex­
pansion volume.” We are now engaged in ob­
taining accurate values of the entropy of solution 
and the partial molal volume of gases whose mole­
cules differ considerably in size, in order to throw 
light upon this important problem. In the mean­
time, we merely suggest a possible line of treatment.

In breaking down the mixing as above, the bro­
mine is added to x ,/x2 =  20.15 moles of f-heptane 
that has been expanded by 20.2 cc. The en­
tropy of vaporization of f-heptane at 25° is 26.2 
e.u. per mole. Computing the fluctuation free vol­
ume in this liquid by the equation Asivap- =  R In 
(v f/v if) gives v,f =  0.42 cc. mole-1. If the same 
free volume is available to dissolved bromine, as 
yet only an hypothesis, the total in 20.15 moles 
amounts to 8.5 cc. But if the bromine is intro­
duced into f-heptane under tension, expanded by
20.5 cc., the free volume becomes 29 cc. The 
additional entropy gained by adding the bromine to 
the expanded f-heptane may be expressed in terms 
of the ratio of these two free volumes, R In 29/8.5 =
1.6 e.u. If this is added to the two contributions 
previously considered, the sum becomes 12.4 e.u., 
reducing the discrepancy in the total calculated 
measured and calculated partial molal entropy of 
solution of bromine to 0.65 e.u., not a serious dif­
ference.

We see only one possible, though small, contri­
bution to the entropy of solution. The molecules 
of f-heptane are not very flexible, and there is evi­
dence of some quasi-parallel order in the liquid7 
that would doubtless diminish among the molecules 
adjacent to a molecule of bromine.

It has become increasingly apparent that the 
considerable success that has been achieved in cal­
culating isothermal solubility in terms of an ideal or

(5) (a) J. H. Hildebrand, ibid., 15, 225 (1947). See also (b) 
J. H. Hildebrand and R. L. Scott, “ Solubility of Non-electrolvtes,”  
Reinhold Publ. Corp., New York, N. Y., 1950, p. 108.

(6) A. Bondi, T h is Jo u r n a l , 58, 929 (1954).
(7) J. H. Hildebrand and G. J. Rotariu, J. Am. Chem. Soc., 74, 

4455 (1952).
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a Flory-Huggins entropy combined with an en­
thalpy expressed by v2pi2(52 — Si)2 is in part due to 
the fact that any unrecognized factor contributing 
to entropy would involve a corresponding contribu­
tion to enthalpy. Expansion on mixing, for exam­
ple, is accompanied by absorption of heat. But the 
neglect of a factor in the formulation of entropy 
leads to a wrong temperature coefficient of solubil­
ity. The inadequacy in this respect of the simple 
equations used for regular solutions became evident 
long ago in the solubility of iodine8 in carbon tetra­
chloride over a wide range of temperature. The 
values of S2 — Sj calculated from the solubility de­
crease from 5.68 at 0° to 5.28 at 50°, although as 
calculated from heats of vaporization and molal 
volumes it is nearly constant at 5.5.

When Hildebrand and Scott6 computed a 
figure for the partial molal entropy of solution of 
iodine in carbon tetrachloride, they used a figure for 
the_ entropy of expanding liquid iodine from v° 
to v before adding it to the solution. This involves 
an expansion of 6.8 cc. per mole, or 11.5%. How­
ever, to expand liquid iodine by 41 cc. per mole, or 
nearly 70%, as would be necessary, according to 
the recent findings of Glew and Hildebrand, in or­
der to introduce it at constant volume into its solu­
tion in f-heptane at 1 atmosphere, would require a 
quite unrealizable state of the liquid, where even 
an extrapolated value of (bP/bT)v as a function of 
volume would be highly uncertain. In that case 
as in this we have first expanded the f-heptane and 
then added the solute. This is an expansion of only 
1%, in which the change of bP/bT is negligible.

The reader may properly ask, however, whether 
this entropy of expanding 20.15 moles of f-heptane 
is equivalent to the partial molal entropy of expan­
sion of bromine by 20 cc. The entropy of forming a 
mole of mixture may be expected to be proportional 
approximately to the product of the volume frac­
tions, $i<f>2, and have the general form, for these 
components, shown in Fig. 1. The tangent to the 
curve at low values of x2 intercepts the ordinate at 
x2 =  1.00 at a point corresponding to the value of 
s2 — s2° . This graphic relation between partial and 
total quantities is explained by Hildebrand and 
Scott.9 The maximum of the curve for this sys­
tem should lie near x2 =  0.9, and the portion be­
tween zero and 0.049 is practically linear, hence, by 
the similar triangles, AsM/%  =  (s2 — s ° ) / l .  Since 
AsM is the entropy of forming a mole of mixture, 
AsM/x 2 is the entropy of forming a mixture contain­
ing 1 mole of bromine and 20.5 moles of f-heptane, 
for which bP/bT cannot differ significantly from 
its value for pure f-heptane.

The simple regular solution equation with ideal 
entropy is

RT  In d2 =  RT  In x2 +  v20i2(82 — Si)2 (5) 
For Br2 in C7F16, a2 =  1. Substituting the observed 
value of x2 and </>2, with v2 =  225.5, one gets d2 — 
Si =  6.0. This is reasonably close to the difference 
between the solubility parameters obtained from 
the energy of vaporization per cc., 11.5 — 5.7 = 
5.8, despite the fact that the actual entropy is far 
from ideal, the reason being that the expansion on

(8) J. H. Hildebrand, J. Am. Chem. Soc., 59, 2083 (1937).
(9) Ref. 5(b), p. 40.

mixing increases both the entropy and the enthalpy.
The same equation also explains the extremely 

small solubility of C7Fi; in Br2. With Vi =  225.5, 
ffli =  1, 0* =  0-98, and S2 — Sx =  6.0, we get Xi =  
0.3 X  10~6.

The Calculation of Volume Changes.—This sys­
tem serves well to emphasize the necessity of 
taking account of volume changes in order to 
improve the theory 0: regular solutions. Their 
neglect is not extremely serious in dealing with the 
free energy, or isothermal solubility, but it intro­
duces large errors in the entropy and enthalpy, and 
therefore into the change of solubility with tem­
perature. To be able to calculate volume changes 
becomes therefore a matter of great importance.

We acquainted R. L. Scott with our remarkable 
findings for the expansion when iodine and bromine 
are dissolved in f-heptane, and he presented at the 
meeting of the American Chemical Society in Min­
neapolis a theoretical calculation of v2 — v2° in fair 
agreement with our experimental results. He will 
include it in a paper he is now preparing on the 
general subject of volume changes on mixing liq­
uids. By common understanding, we give a sum­
mary of it here.

It is based upon the thermodynamic relation for 
the excess total change of volume on mixing

a v m =  p f f )V i> P  ) T .p -P o

This yields for the partial molal expansion10
v2 = v2° = /3R T  In y2 (6)

where /3 is the compressibility of the solution and y 2 
the activity coefficient. Scott has now added a 
factor, n = (d E /d v )r /(  — e / v ). For C7F16, n = 
1.35 and ¡3 =  2.38 X 10-4 atm.-1. This gives the 
partial molal expansions of I2 and Br2 in C7F16 
shown in Table IV, with the measured values for 
comparison. The agreement is good in the case of 
Br2, and not bad in the case of I2 in view of the ex­
trapolated value for v2°.

TA3LE IV
P a r t ia l  M o la l  E x p a n s io n  of I- an d  Br2 D isso l v e d  in

c 7f 16
V2 — V 2

72 Calcd. Obsd.
I2 1430 57 41
Br2 20.4 25 21

The ultimate goal must be to construct a theory 
of solutions that rests solely upon the properties of

(10) See Ref. 5b, page 7 ff„
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the pure components, and we do not reach it by cal­
culating expansion from an activity coefficient. 
This approach is, however, not altogether unsatis­
factory, because free energy, and hence 7, can be 
calculated with fair approximation because of the

cancelling of uncertainties in entropy and enthalpy, 
noted above.

We thank Dr. Berni J. Alder and Professor R. L. 
Scott for their criticisms, and the Atomic Energy 
Commission for its support of this work.
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The equation of the surface of a semi-infinite sheet of liquid spreading uni-directionally on a solid is deduced. For a 
particular liquid at a given temperature, a single curve describes all possible surface configurations, regardless of contact 
angle. The reversible free energy change for a sheet of liquid climbing a barrier is then calculated. This is shown to be a 
measure of the energjr barrier, and corresponds roughly to Good’s concept of “ contortional energy,”  which lias, however, 
serious inconsistencies. For semi-infinite sheets on any surface, or for finite sheets on perfectly smooth surfaces, there is no 
hysteresis of the contact angle upon advancing the barrier into the line of contact, if the surface energies are assumed to be 
time-independent. For finite sheets on rough surfaces, the hysteresis of the contact angle depends upon the predominant 
orientation of the surface roughnesses, since Young’s Equation must hold microscopically everywhere. This is partially
confirmed by Bartell and Shepard’s observations.

Introduction
Wenzel2 has formulated an expression which 

describes the contact angle in the spreading of a 
liquid drop over a rough surface. However, this 
expression is strictly valid only for very small 
drops (which are not appreciably flattened by grav­
ity) resting on a surface whose roughnesses are very 
minute. Numerous metastable equilibrium states 
are possible, and for macroscopic roughnesses the 
energy barrier in passing from metastable to stable 
equilibrium may become controlling, as indicated 
by the data of Bartell and Shepard.3 Bikerman,4 
in discussing the motion of a drop front over a rough 
surface, has pointed out that the climbing of a drop 
front over a ridge requires “ contortion (he., ex­
tension) of the liquid-air interface,”  and conse­
quently an increase in the energy of the system. 
Good5 has related this contortional energy to the 
observed contact angle hysteresis, and suggested 
that it could, in principle, be calculated for simple 
barrier configurations. As a preliminary to this 
calculation, the two-dimensional equation for the 
surface of a semi-infinite sheet of liquid spreading 
uni-directionally over a solid surface is derived. 
A very interesting result is obtained, in that the 
resulting equilibrium equation contains only one 
parameter, which is a function only of the liquid 
properties. Hence, a single equation serves to 
define the surface contour of a particular liquid at a 
particular temperature, regardless of the contact 
angle, surface properties or surface configuration. 
This result should have interest for applications 
other than the one at hand.

The reversible free energy for a sheet of liquid 
climbing a sharp, plane barrier of arbitrary height 
and inclination is then calculated. If the horizontal 
surface and barrier are perfectly smooth, and if

( 1) Rose Polytechnic Institute, Terre Haute, Ind.
(2) R. N. Wenzel, Ind. Eng. Chem., 28, 988 (1936).
(3) J. W. Shepard and F. E. Bartell, T h i s  J o u b n a l , 57, 458 (1953).
(4) J. -T. Bikerman, ibid., 54, 653 (1950).
(5) R. J. Good, J. Am. Chem. Soc., 74, 5041 (1952).

time-dependent effects are excluded,6 it is shown 
that there will be no contact angle hysteresis. 
This will be true also if the surface is microscopically 
rough, but the liquid is semi-infinite in extent. 
For the usual case of a microscopically rough sur­
face and a liquid of finite extent, the contact angle 
will increase as the volume of liquid is increased 
until the energy increment exceeds the “ contor­
tional energy,”  when the liquid rapidly climbs the 
barrier. It is shown that the reversible free energy 
change is a rough measure of the contortional 
energy requirement for a drop front to advance over 
a ridge. These considerations lead to a simple re­
lationship between the advancing ar.d receding 
contact angles, which was, in fact, observed by 
Bartell and Shepard.3

Surface of a Semi-infinite Sheet of Liquid.—
In order to compute the energy change for a large 
drop in climbing over a ridge, we must first obtain 
the equation for the equilibrium free liquid surface. 
We may consider the drop to be axially symmetri­
cal, and if we consider a really large drop, the 
problem reduces itself to a semi-infinite sheet of 
liquid spreading unidirectionally against a normal, 
plane barrier. Our first task is then to derive the 
equation for the free liquid surface under equilib­
rium conditions. Referring to Fig. 1, the hori­
zontal asymptote to the free liquid surface will be 
chosen as the .r-axis. The location of the 2-axis is 
arbitrary. One principal radius of curvature of 
the liquid surface is everywhere infinite, and both 
principal radii of curvature are infinite at x = °°. 
The Gibbs condition for equilibrium of a curved 
interface7 reduces to

(pg -  Pi) <72 = ^ (1)

where pg and pi are the gas and liquid densities, 
g the local acceleration due to gravity, 7 the sur-

(6) The expression “ time-dependent effects”  is used herein to in­
clude adsorption and any other surface altering effcts.

(7) J. W. Gibbs, “ Collected Works,”  Yol. I., Yale Univ. Press, 
New Haven, Conn,, 1948, p. 282,
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face tension, and R the radius of curvature of the 
liquid surface. R can be eliminated by

ds =  —R  da (2)
where s is arc length, and a is the angle of inclina­
tion of the tangent with the horizontal. Equa­
tions 1 and 2 can be readily solved to give

— B cos a =  2 -f- const. (3)

where

(p i  — p « ) s

When 2 = 0, a =  0, for a sheet of liquid advan­
cing to the left and hence eq. 3 becomes

B( l  —  COS a) Z1
2 (4)

A similar result was obtained by Coghill and 
Anderson8 in their consideration of the “ edge ef­
fect.”

a can be eliminated from eq. 4 to give
cff
dx = ±

V O - 0
-  1 (5)

corresponding to convex and concave menisci. 
This is easily solved, with the substitution

COS W  = 1 — 0 < W  < 2tt¿n ( 6)

giving

x = B 'A ^log tan ~  +  2 cos - f  const. (7)

For 2 = 0, w may be 0 or 2ir, resulting in x = — co or 
+  °°. These correspond to a semi-infinite sheet ad­
vancing to the right or to the left, respectively. 
If we choose the latter case by limiting w between 
7r and 2ir, eq. 7 yields, upon elimination of w

=  B' A log |^- 2 B'/t (V1 - â
V

+ 1 ) ] -
2 ß ’A 1 -  +  const. (8)

The signs in front of the square root terms would be 
reversed for a sheet advancing to the right. If we 
choose our coordinate system such that x =  0 when 
2 = 2 the constant in eq. 8 vanishes identi­
cally. A plot of eq. 8 for water at 25 and 100°, 
and for carbon tetrachloride at its normal boiling 
point, is given in Fig. 1. It should be noted that, 
for a particular liquid at a particular temperature, 
a single curve describes all possible surface con­
figurations, regardless of contact angle, since B is 
the only parameter in eq. 8.

This result should be of significance for applica­
tions other than the one at hand. For instance, it is 
expected to be of value in computing the dimen­
sions of a surface cavity of given shape which will 
just barely entrap gas as the liquid drop spreads 
over it.

The Climbing of a Barrier by a Sheet of Liquid.—
Having obtained an expression for the equilibrium 
free surface of a large sheet of liquid, we now take 
up the problem of the energy change in climbing a

(8) W. H. Coghill and C. O. Anderson, U. S. Bur. Mines Tech. Paper 
262, 47 (1923).

barrier. For simplification, the roughness element 
is supposed to be a plane wall lying parallel to the 
line of contact. In practice, it makes a difference 
whether we consider that the wall and the hori­
zontal surface area are perfectly smooth, or minutely 
rough, i.e., whether the roughnesses have rough­
nesses.

Consider a sheet of liquid advancing to the left 
against a wall inclined at an angle <t> with the 
horizontal (Fig. 2). We take the location of the

line of contact as X\, z\ and assume that the liquid 
extends for a distance L behind the line of contact. 
We shall assume first of all that the horizontal 
surface and the barrier are very smooth, so that all 
surface planes offered to the line of contact are 
parallel to the direction of the surface itself. Then, 
by the principle of a microscopic force balance, the 
contact angle through the liquid, 0, is fixed when the 
liquid is at rest, and is the same whether the line of 
contact is resting against the horizontal surface or 
the wall. Since L and on are fixed by the system 
chosen, eq. 4 and 8 fix the surface contour, and the 
volume of liquid at equilibrium. The free energy 
in this case is given by

F  = MJi +  723 s +  Yi3 L +  7i iL' (9)
where, for unit width of sheet, s is the arc length 
of the liquid surface, L' is an arbitrary length of 
the wall, M  the weight of liquid and Ji is the height 
of the center of gravity of the liquid above the 
horizontal surface. The subscripts 1, 2 and 3 refer 
to the solid, gaseous and liquid phases.
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If the liquid were in equilibrium at the base 
of the wall (shown as the dotted in line Fig. 2), 
the free energy in this case would be

F '  =  M'Ji +  yiis' +  yah +  712b' (10)
and the decrement would be

AF =  F' -  F =  (s ' -  s )T23 +  (h 'M ' -  }tM ) (11)

From eq. 1 and 2 it can be shown that

• -  B'h (iSrSG) (»>
where cn and a2 are the angles of inclination with the 
horizontal of the tangents to the surface at x = Xi 
and x = Xi — L. Similarly

s ’ — s =  B 1 A log (13)

The fact that the arc lengths s and s' are seg­
ments of the same curve, as pointed out previously, 
has some interesting consequences. As L ap­
proaches infinity, s' — s approaches a constant 
value. This may also be seen from eq. 13, where 
a ' 2 — Xi as L —► co. Also, h' <  /?, and M ’ <  M, so 
that

hM  -  h 'M ’ =  (h -  h ')M ' +  h(M  -  M ') œ

as L -*■ co. Hence — AF is infinite for a semi-infinite 
sheet. This means that if a barrier, at any in­
clination, <j>, were advanced into a semi-infinite 
sheet of liquid, the liquid would immediately begin 
to climb the barrier, with no hysteresis of contact 
angle, even if the surface roughness were such that 
some variation in the apparent contact angle were 
possible.

We now consider the case of finite L. The gravi­
tational potential energy change is

Ji'M' — fiM  =  zM — z’M ' 

where

z'2) ctr

(14)

z' = z +  b ( 1 5 )

since the effect of changing a at the line of contact is 
simply to translate the 2-axis. This displacement 
may be shown to be

b =  2BV2 ^ s in  -  s in  ^ 0  ( 1 6 )

From eq. 14 and 15 one can derive 

h'M' -  hM = - b P [«, -yjs ~ zj -

* V * -  T + t ] (17)
Equations 13, 16 and 17, when substituted into 
eq. 11, constitute a solution for the equilibrium free 
energy change upon beginning to climb the barrier. 
This quantity would superficially appear to corres­
pond to the “ contortional energy”  proposed by sev­
eral writers.4-6 However, the concept is not simple, 
and deserves careful analysis.

Good,6 in a treatment valid only for drops small 
enough to have spherical surfaces, shows that 

àF
^-7— =  723 (f'OS 0obsd — COS 6m ) =  723 A COS 9 ( 1 8 )o/ 113

He then defines a “ contortional energy,”  Fe, due 
to the extension of the liquid-air interface in climb­
ing over a ridge such that the drop will cease to 
change its shape when

~  =  1723 A cos o\ S  G  (19)OA12
This is, on the face of it, open to at least two ob­

jections. First, àF/àA13 must be negative in order 
for the drop to spread at all, and not positive, as 
implied by eq. 19. Secondly, the energy term, Fc, 
is not dimensionally consistent with the other 
terms, whose units are energy per unit area. The 
meaning of eq. 19 is therefore not clear, and it 
seems better to state that the drop will cease to 
spread simply when

which is, of course, the Gibbs condition.
The situation is complicated by the fact that the 

climbing of the barrier is normally not a reversible 
process. For the system shown in Fig. 2, the re­
taining wall at X\ — L may be considered to be a 
piston, which is reversibly retracted until the 
liquid assumes the dotted line configuration. The 
piston is then reversibly returned to its original 
position, the liquid simultaneously climbing the 
wall. Since the liquid surface is now always more 
flat than it was initially, the center of gravity will 
be lower, and the net work of the liquid on the sur­
roundings will be positive. This, however, is not 
the actual path, which is highly irreversible. If the 
piston is returned to its original position, while, at 
the same time, restraining the liquid from climbing 
the wall, the work input, which is equal to — AF of 
eq. 11, is a measure of the departure from equilib­
rium. AF is therefore a measure of the energy 
input required to cause the liquid to leave its 
equilibrium state at the base of the wall. It is 
probably higher than the actual energy input, de­
spite the irreversibility of the process. This is 
because the liquid surface can assume dynamic non­
equilibrium shapes which limit the energy changes 
principally to the region near the line of contact.

Returning to our model of a perfectly flat horizon­
tal surface and wall, a small displacement of the 
piston to the left from its initial position will im­
mediately cause the liquid to climb the barrier until 
it reaches a new position of equilibrium some dis­
tance away. This is because L, «i and M  are fixed 
for a smooth surface, leaving no degrees of free­
dom. Hence, the equilibrium is unstable for a 
piston displacement in this direction only. Good6 
considers y23 A cos d to be a driving force which 
determines the ability of the liquid to climb a ridge. 
In the above case A cos 6 is zero, and yet the small­
est displacement causes the liquid to climb a finite 
distance. It is apparent, therefore, that the dis­
placement of the cosine of the contact angle from 
the equilibrium value is not adequate, per se, as a 
measure of the driving force.

If we now consider that both the horizontal sur­
face and the wall have numerous minute surface 
ridges, it is possible for the microscopic force bal­
ances to be satisfied with a change in the apparent 
contact angle for a differential movement of the
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piston to the right. This will continue until the 
line of contact, by small movements, is no longer 
able to find a sufficient number of planes of proper 
orientation to provide the apparent contact angle 
demanded by the relationships of eq. 4 and 8. At 
that point, the equilibrium becomes unstable, 
and the liquid climbs the wall. The contact angle 
hysteresis is determined, therefore, not by the in­
clination or height of the barrier (within reasonable 
limits), but by the predominant orientation of the 
surface roughnesses. If the roughnesses consist of a 
series of ridges whose sides are inclined to the hori­
zontal by an angle, <j>, we would expect

8a =  8e q +  ip (2 1 )

This relationship was in fact, observed by Bar- 
tell and Shepard3 for liquids of high surface tension 
spreading over blocks of paraffin whose surfaces 
had been ruled to give asperities of known inclina­
tion. Eliminating runs in which large amounts 
of air were obviously entrapped, it was found that 
the height of the asperities had little effect, and that 
eq. 21 was obeyed, if 0eq. is taken as 0T, instead of 
(0a +  0r)/2, as is usually done, for want of more pre­
cise knowledge. The situation is complicated here 
by the fact that their surfaces were ruled in two 
directions, so that spreading within the valleys, as 
climbing over the ridges, was an important mode 
of advance and recession. For this reason, presum­
ably, their data for liquids of low surface energy 
do not follow eq. 21 so well (Table I).

T a b l e  I

A d v a n c i n g  a n d  R e c e d i n g  C o n t a c t  A n g l e s  i n  t h e  

S p r e a d i n g  o f  L i q u i d  D rops o v e r  M a c h i n e d  P a r a f f i n  

S u r f a c e s  ( D a t a  o f  S h e p a r d  a n d  B a r t e l l 3 )

7 , Smooth
Liquid

dynes/
cm.

surface
0a Or

4> =0a 30°
0r

<t> —0a 45°
0r

11 60°
0r

Water 72 110° 99°* 129° 99° 142° 94° 160° 96°
3 M  CaCl2 84.5 119 109 136 114 149 115 174 125
Glycerol 63.2 97 90 115 92 127 83 145 68
Ethylene glycol 47.5 81 74 93 65 102 49 120 17
Methyl cellosolve 30 62 42 76 12 82 0 93 0
Methanol 22.6 42 27 58 0 50 0 0 0

Conclusions
(1) A semi-infinite sheet of liquid would be 

expected to display no time-independent hysteresis 
of contact angle, i.e., hysteresis attributable to sur­
face roughness.

(2) A method is given for calculating the re­
versible free energy change of a finite sheet of liquid 
upon climbing a barrier of known height and incli­
nation. This corresponds roughly to the “ con- 
tortional energy,”  and hence gives a measure of 
the contact angle hysteresis to be expected on 
advancing over a surface whose roughnesses have 
random inclinations and orientations. If, however, 
the roughnesses have a predominant inclination, 
this will tend to determine the contact angle hys­
teresis, in accordance with eq. 21.

DEGREE OF HYDRATION OF PARTICLES OF COLLOIDAL SILICA IN
AQUEOUS SOLUTION

B y  R. K. I ler  and  R. L. D alton

G rasselli C h em ica ls  D ep a rtm en t, E x p er im e n ta l S ta tion , E . I .  du  P o n t  de N em ou rs  and  C o m p a n y , In c .
Received January 16, 1956

The viscosity of colloidal dispersions of silica has been studied, with the objective of determining the amount of water 
bound to the surface of the discrete, spherical amorphous particles. By applying the Mooney equation for the viscosity 
of a dispersion of spheres in a liquid medium, it is calculated from the viscosity data that there is a monomolecular layer of 
water molecules immobilized, probably through hydrogen bonding, at the hydroxylated surface of the silica particles.

The degree to which the molecules in water are 
immobilized at the surface of a highly polar solid 
apparently varies with the nature of the surface. 
For example, Bertil Jacobson1 concluded that near 
the surface of molecules of sodium desoxyribonu- 
cleate, water molecules are oriented to form an 
immobilized lattice-oriented layer similar to ice. 
On the other hand, Vand2 has concluded that the 
viscosity of an aqueous solution of sucrose is con­
sistent with the assumption that there is approxi­
mately a single layer of water molecules hydrogen 
bonded to the hydroxyl groups of the sugar mole­
cule. It was of interest to determine whether the 
surface of amorphous silica immobilizes or otherwise 
binds water molecules. The viscosity of colloidal 
dispersions of amorphous silica has therefore been 
studied with the objective of determining the 
amount of water bound to the surface.

(1) B. Jacobson, J. Am. Chem. Soc., 77, 2919 (1955).
(2) V. Vand, T h i s  J o u r n a l , 52, 314 (1948).

Vand3 and Mooney4 have developed equations 
for a dispersion of spheres in a liquid, relating the 
relative viscosity of the dispersion to the volume 
fraction of the dispersed phase. The dispersed 
phase includes the volume of the solid particle plus 
any part of the medium which is bound to the sur­
face of the particles. With spheres larger than 100 
myu diameter, the presence of a single molecular 
layer of solvent bound to the surface of the particle 
would have little effect on the volume fraction of the 
dispersed phase. Flowever, in the case of spherical 
particles smaller than 10 or 20 mp in diameter, one 
or two molecular layers of solvent attached to the 
surface would appreciably increase the volume of 
the dispersed phase. This would have a marked in­
fluence on the viscosity. In the case of particles 5 
mp in diameter, for example, the presence of two 
molecular layers of water, having a thickness of the

(3) V. Vand, ibid., 52, 277, 300 (1948).
(4) M. Mooney, J. Colloid Sci., 6 , 162 (1951).
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order of 0.5 mp would increase the over-all diame­
ter of the dispersed unit to about 6 mp. This would 
increase the volume fraction of the dispersed phase 
by about 70%.

Assuming the above equations to be applicable 
to spheres of very small diameter, it is thus possible 
to calculate from the viscosity the degree to which 
spherical silica particles are “ hydrated.”  On this 
basis, our results, described below, indicate that 
uncharged particles of amorphous silica in sus­
pension in water at pH 2 arc associated with only a 
monomolecular layer of water molecules, probably 
hydrogen bonded to the silanol (-SiOII) groups 
which make up the surface of the particles.

Experimental
Preparation of Sols.— A series of silica sols containing dis­

crete, non-aggregated particles having specific surface areas 
of 400 to 800 square meters per gram of Si02, corresponding 
to average particle diameters of about 7 to 3.5 mp, were 
prepared for viscosity studies. That the particles are dis­
crete and not aggregated in solution was shown by examining 
electron micrographs taken of deposits on a supporting film 
from sols at high dilution. In these micrographs the dis­
crete particles lie as a single layer on the supporting film with 
very few aggregates which are deposited less regularly and 
form darker clumps more than one particle deep on the film.

It is possible to prepare sols of discrete particles free from 
aggregates by slow deionization of a dilute solution of sodium 
silicate (3%  Si02), while maintaining the pH above 7, at 
elevated temperature. The specific surface area of the 
product may be varied by changing the temperature and 
rate of deionization while maintaining the pH between 11 
and 9.5 For example, a dilute solution of sodium silicate 
(SiOjiNajO weight ratio 3.25) containing 3%  Si02 was 
maintained at 47°, and “ Nalcite”  IICR, a sulfonic type 
cation-exchange resin in the hydrogen form, was added 
slowly over a 13-min. period, lowering the pH from 11.3 to 
9.1. The pH was then maintained at ca. 9.0 by careful 
addition of resin. Samples were removed after 1 and 3 
hours, cooled and filtered. The second sample was further 
deionized to pH 8.6 and again filtered. Additional sols were 
prepared by varying the time and temperature of deioniza­
tion, as shown in Table I.

T a b l e  I
P reparation ’ an d  C h a racte rizatio n - o f  S il ic a  Sols
Time

required 
for prep­
aration, 

hr.

Temp, 
of prep­
aration, 

°C.

pH of 
final 
sol

Molar 
ratio 
SÌO2 : 
Na20

A ,a 
m. Vs-

A
n c

A, 1 47 9.07 38 827 79 0 9
B, 3 47 8.57 80 717 84 0.6
C, 2 64 8.86 67 690 81 0.9
D, 1 64 9.4 28 705 81 0.9
E, 2 64 7.9 113 612 83 0 9
F, 1 90 8.9 100 615 82 0.8
G, 6.5 90 9.12 100 478 85 1.1
H, 23.8 90 9.34 100 406 89 0.8
I, 50 90 9.27 100 360 89 1 0

Av. 0.9
" A , specific surface area of the silica. b S, per cent, by 

weight of anhydrous silica in the “ dispersed phase.”  e re, 
calculated number of molecular layers of water held at the 
silanol surface of the particles.

For the preparation of samples C and D, the deionization 
was carried out still more slowly, initial samples of the sodium 
silicate solution being treated with ion-exchange resin to re­
move sodium over a period of 30 minutes, to lower the pH to 
9.1, and then maintaining the pH at this value for 1 and 2 
hours, respectively. Similarly, by aging these sols at about 
pH 9 for 1 and 6.5 hours at 90°, samples F to I were pre­
pared.

(5) R. K. Her and F. J. Wolter, U. S. Patent 2,631,134 (E. I. du 
Pont de Nemours & Co., Inc., 1953).

Characterization of Sols.—The specific surface area of the 
particles, A, was determined by a titration method de­
scribed by G. W. Sears.6 The per cent, by weight of silica 
in the dispersed phase, S, was calculated from the relative 
viscosity of the sols and the densities of water and silica.

In order to avoid electroviscous effects, the viscosity of 
the colloidal solution was measured at pH 2, whore the charge 
on the silica particles is at a minimum.7 The solution of the 
freshly prepared colloidal silica is alkaline and the particles 
are negatively charged. However, just before measuring 
the viscosity, the pH must be reduced to about 2, in order to 
minimize the charge on the particles. This is done by add­
ing wet, freshly regenerated “ Nalcite”  HCR resin, in the 
hydrogen form, in sufficient quantity to remove all the so­
dium ions, filtering and then adding sufficient 1 N  HC1 to 
lower the pH to about 2.0. The concentration of Si02 in 
the solution is then determined, either gravimetrieally, or 
by measuring accurately the specific gravity of the solution. 
The viscosity of the solution was then measured at 25° with 
an Ostwald pipet, and the relative viscosity calculated from 
the following expression

where d and t are the density and the time of flow of the silica 
sol, and d„ and are the density and time of flow of water, 
respectively.

On the assumption that the solution contains dispersed 
spherical particles, the relative volume fraction of the dis­
persed phase is then calculated from the viscosity data, us­
ing the Mooney equation4

where c is the volume-fraction of the “ dispersed phase.”  
At concentrations of silica employed in this study, the 
Mooney and Vand equations give essentially the same value 
for c.

The "dispersed phase”  consists of particles of anhydrous 
SiO* together with any water which is immobilized at the sur­
face of the particles.

The relation between c and S, the per cent, by weight of 
silica in the dispersed phase, in a sol containing P  per cent, 
by weight of silica, may be calculated as follows.

Assume 100 g. of sol containing P  g. of silica. Since the 
volumes of silica and water in the system are additive,8 the 
volume of the sol is (P /2 .3  +  100 — P ) ml.

The dispersed phase thus has a volume of c(P/2.3 +  100 — 
P ) ml. The dispersed phase thus consists of P /2 .3  ml. of 
silica and

c +  100 -  p j  -  ^  ml. of water

Then
S P

f  P  1 pp  + c U s  +  100 -  F J ~  273

whence S 0 oo .^ gp  +  c(1 _  0.00566P)

The values of S for the sols in Table I were calculated from 
this equation, using the values of c calculated from viscosity 
data.

Effects of pH, Salts and Aggregation.—The viscosity of 
an acidic sol is relatively independent of pH. For example, 
a 7.6% sol at pH 2.0 and 3.2 exhibited viscosities of 1.239 
and 1.250. In alkaline solution, a change in pH from 8.0 to 
9.0, produced a viscosity change from 1.478 to 1.580.

The value of S as measured by viscosity, is unchanged 
when the viscosity is measured over a two-fold concentration 
of silica. Thus, at pH 2, increasing the concentration of 
silica from 3.77 to 6.63%, increased the viscosity from 1.149 
to 1.295 hut the calculated value for S was 53% in both 
cases.

(6) G. W. Sears, paper to be submitted for publication.
(7) N. E. Gordon, Colloid Symposium Monograph, Vol. II, Chemi­

cal Publishing Co., New York, N. Y., 1925, pp. 114-125.
(8) It was verified experimentally that the density of a colloidal 

dispersion of silica in water can be calculated from the composition 
and densities of amorphous silica (2.3 g./ml.) and of water (1.0 g./ml.).
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At pH 2, where there is little charge on the particles, the 
addition of an electrolyte has very little effect. In the 
aforementioned sols containing 3.77 and 6.63% silica, addi­
tion of 1.5% of sodium sulfate did not change the viscosity.

It is necessary to measure the viscosity promptly when the 
pH of the sol has been reduced to 2, even though the rate of 
gelling of colloidal silica is a minimum at about this point.9 
Over a period of several days at 25°, aggregation of the par­
ticles occurs, and eventually the solution will form either a 
precipitate or gel. However, during the first hour or so, at 
ordinary temperature, colloidal solutions at the indicated 
concentrations increase very little in viscosity.

It should be pointed out that the volume fraction of the 
dispersed phase, c, may be increased not only by the amount 
of water associated with the surface of the individual silica 
particles, but also by the degree of aggregation of the par­
ticles. If a number of particles were joined together to 
form a porous aggregate, the water within the pores would 
be essentially immobilized from a hydrodynamic standpoint, 
so that the “ dispersed phase”  would include more water 
than if the particles were not aggregated. Thus aggrega­
tion decreases the value of S. This effect of aggregation ac­
counts for the low value of S (i.e., 53%) for the sols men­
tioned above. However, since the sols referred to in Table 
I are not aggregated, the relationship between viscosity and 
surface area can be accounted for by the hydration of the 
surface, as shown below.

Calculation of the Composition of the “ Dispersed Phase.”
—It is known that the hydrated surface of amorphous silica 
is covered with silanol groups (-SiOH ).10 The composition 
of discrete spherical particles, in terms of Si02 and H20  
present as hydroxyl groups, can be calculated from the 
specific surface area. Thus

A  =  2720/d
where A  =  specific surface area of the particles in square 
meters per gram and d =  average particle diameter in milli­
microns. The particle composition9 has been calculated as

x =  ~  d3 and y =  £  (2.80d)2 

where the composition is represented as (SiO^fHoO),,.

(9) R. K. Her, “ The Colloid Chemistry of Silica and Silicates,” 
The Cornell Press, Ithaca, N. Y., 195c, p. 45.

(10) Ref. 9, pp. 99, 103, 234.

Let us now assume that in addition to the chemically 
bound layer of silanol groups, there are n layers of water 
molecules adsorbed or fixed in some way to the surface as 
far as their hydrodynamic behavior is concerned. The 
association of hydrogen-bonded water molecules with the 
silanol layer, in view of the large volume of the oxygen atom 
relative to hydrogen, suggests that in the first layer there 
may be one water molecule associated with each underlying 
silanol group.11 Since the hydrogen atoms of two silanol 
groups are equivalent to one molecule of water reacted with 
one unit of anhydrous Si02, the composition of the “ dis­
persed phase”  may be represented as

(Si02)I(IL 0 )a(H20 )„ (2„)
Thus for every molecule of water present in the silanol layer 
there would be two water molecules in each physically 
bound water layer.

_ From the above formula, using the formula weights for 
Si02 and H20 , the dispersed phase has the composition, by 
weight

<S 60j
100 “  60z +  y(2n +  1)18

Substituting for x, y and d from the above relationships

n 1
2

r8180(100 -  S) 
L Sri -  1]

Degree of Hydration.—Applying this formula to the 
values of S and the specific surface area, A , in Table I, the 
values of n for each sol weie calculated. For example, for 
sol E having a specific surface area of 612 m.2/g . and a vis­
cosity corresponding to a value of 5  of 83% , n was calcu­
lated to be 0.9. For n to have been 0 or 2, the required 
value of S would have been about 94 or 74% , respectively. 
Such values are well outside the range of experimental error 
in determining viscosity.

Thus, for discrete silica particles ranging in size from 3.3 
my diameter in sol A to 7.5 my in sol I, the value of n re­
mains constant at a value of about unity. It therefore 
appears that there is about a monomolecular layer of water 
molecules immobilized at the hydroxylated surface of the 
silica particles.

(11) Ref. 9, p. 240.

APPLICATION OF THE ABSOLUTE RATE THEORY TO ADHESION*
By M arshall R. Hatfield and George B. R athmann

Contribution No. 95, Central Research Department, Minnesota Mining & Manufacturing Company,
St. Paul 1, Minnesota
Received January 19, 1966

Attempts to treat adhesion of a deformable adhesive to a rigid surface in terms of a simple fuse model for the bond are 
shown to be inadequate for explaining the time dependence of adhesion failure. Modification of this model to include the 
effects of a time dependent modulus of elasticity for the adhesive does not appear to be a satisfactory solution. The applica­
tion of the absolute rate theory is based upon the assumption that bonding and debonding are rate processes and do not 
occur instantaneously which automatically results in a time dependent failure. The general implications of the theory are 
that: (1) loads below a critical force will never produce failure, (2) the work of adhesion will have a profound effect on the 
time to breakage for a given load, although it represents a small fraction of the energy expended, and (3) the free energy of 
activation for viscoelastic flow of the adhesive also has a profound effect on the time to breakage for a given load. Precise 
and simplified forms of the rate equation are given for adhesion failure of a bond under tensional load. For comparison 
of similar systems, the simplified form may be adequate. In addition, proper use of the simplified form may permit some 
information concerning work of adhesion to be derived from experimental adhesion data.

Introduction
Adhesion, as discussed in this paper will be re­

stricted to the bonding together of two solids, one 
soft and deformable (adhesive) and the other rigid 
and non-deformable (adherend). The primary pur­
pose is to demonstrate that the rate theory offers a 
plausible mechanism for the direct approach to the

* Presented at the 128th National American Chemical Society 
Meeting, Cincinnati, Ohio, April, 1955.

failure of such an adhesive bond under tensional 
stress. The fact that small variations in the ap­
plied stress have a pronounced effect on the time 
required for bond failure is well established experi­
mentally. The introduction of the rate theory pro­
vides a natural explanation for this time-depend­
ency. Other explanations, which consider the ad­
hesive bond as a fuse, introduce time-dependency 
through the viscoelastic properties of the adhesive
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which are known to be time dependent. Such ex­
planations will be grouped as the fuse theory of 
adhesion.

The Fuse Theory.— Consider a rigid solid at­
tached to an elastomeric solid by adhesive bonds 
at the interface. If the applied force exceeds the 
product of the number of bonds and the force 
required to break each bond, instantaneous failure 
results. The analogy to a fuse in electrical circuits 
is obvious. This picture clearly needs alteration 
to introduce time-dependency since failure would 
occur immediately at forces above a critical value 
and never at forces below this value. A super­
ficially attractive modification incorporates the mod­
ulus behavior of the elastomeric adhesive. If a 
constant load is applied to the system such that the 
stress (load per unit cross-section) at the interface 
is not sufficient to break the bonds, failure does not 
occur immediately. Creep of the adhesive and 
the resulting smaller cross-section will result in 
higher stresses within the elastomer. Sufficiently 
high stresses are developed, it may be argued, to 
break the adhesive bonds. Actually, however, 
only the time-dependency of cohesive failure could 
be accounted for in this way, since there is no change 
in the cross-section of the interface. A further 
modification of the theory postulates changes in 
geometry in the stretching adhesive to account for 
a stress build-up at the interface. A precise formu­
lation of the stress build-up resulting from geome­
try changes would be, at best, complicated. Distri­
butions of bond energies and more elaborate mech­
anisms for developing high interfacial stress as a 
result of increasing stress within the adhesive of­
fer no substantial improvement.

One modification of the fuse theory introduces 
the concept of tensional fluctuation. Even for 
forces insufficient to break the bonds instantly, 
statistical fluctuations in tension will result in ran­
dom rupturing of the bonds. As the bonds fail, the 
stress at the interface increases and complete failure 
eventually occurs. Such an approach is mathe­
matically as complicated as the application of the 
absolute rate theory, and does not offer any advant­
ages. The rate theory by focusing attention upon 
the interface where failure is known to occur, pro­
vides a means of examining bond formation as well 
as bond failure.1

The Rate Theory.— Instead of considering bonds 
as fuses it will be assumed that the formation and 
failure of bonds involves the passage over a free 
energy barrier. Molecules at the interface must 
be thermally activated before passing into the 
unbonded state. The time to failure is, then, the 
time required for all the bonded molecules to acquire 
sufficient energy by thermal fluctuations to pass 
over the barrier. Following Eyring2 a free energy 
profile can be drawn as in Fig. 1.

Here, the difference in free energy of the bonded 
and unbonded states, IF, is the free energy of adhe­
sion per bond. It is assumed that in the unbonded

(1) W. M. Bright, Paper presented at Case Instittite Symposium on 
Adhesion, Cleveland, 1952. “ Adhesion and Adhesives, Fundamentals 
and Practice,”  Editors Clark, Rutzler, and Savage, John Wiley 
Sons, New York, N. V., 1954, p. 130.

(2) S. Glasstone, K. Laidler and H. Eyring, “ The Theory of Rate 
Processes,”  McGraw-Hill Book Co., New York, N. Y., 1941.

Fig. 1.—Free energy profile-adhesion system: Fu, energy 
min.-unbounded molecules; F b, energy min.-bonded mole­
cules; W, energy of adhesion bond; F ±, free energy of 
activation.

state, the bonding areas of the adhesive as well as 
those of the rigid solid are bonded to the surround­
ing medium. Obviously, W  depends upon the 
medium surrounding the system. Henceforth, 
bond failure will be assumed to be occurring in air 
and TFa is then the work of adhesion in air per 
bonding site.3

F+, the free energy of activation per bond will be 
assumed to depend only on the free energy of activa­
tion for deformation of the adhesive. Let

,Yb =  no. of molecules in the bonded state
.Yu = no. of molecules in the unbonded state
-Y0 =  N b +  AY = total no. of molecules available for 

adhesion
At equilibrium, the rate of passage of molecules 

from bonded to unbonded state (forward) is equal 
to the rate in the reverse direction. Thus at equilib­
rium

AA exp [ - ( F t  +  WJkT)] = AY exp [-Ft/kT]  (P
where k is the Boltzmann constant and T is the 
absolute temperature.

Solving equation 1 for AY, the number of mole­
cules in the bonded state at equilibrium, gives

Y  =  exp ( +  W J k T ) (2)A u
A o — A b +  A u (3)

_  A o
B 1 +  exp ( — W\/kT) (4)

If a small load is applied as pure tension to the elas­
tomer-solid system the equilibrium given by equa­
tion 4 will be shifted slightly to favor the unbonded 
state. It is assumed that the energy supplied to 
each bonded molecule by the load, F, is small com­
pared to Ft. Furthermore, it is assumed that the
only direct effect is to raise the energy level of the 
bonded state and lowrer the level of the unbonded 
state by equal amounts. Figure 2 is a diagram of the 
system under load. The constant, X, represents 
the distance the adhesive molecules move when 
passing from the bonded to the unbonded state. It 
seems apparent that the shift in energy levels will 
cause molecules to pass over the energy barrier 
from bonded to unbonded state until equilibrium 
is once more established. It should be noted, 
however, that at constant load, F, any decrease in 
the number of molecules in the bonded state, AY,

(3) A more precise approach would be to consider a vacuum as the 
medium surrounding the system. Then no error would be introduced 
in the event that a bond failed somewhere in the system such that air 
was not available, i.e., a failing bond completely surrounded by other 
bonded sites.
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will cause an immediate increase in the quantity 
F\/2Nb.

Thus, addition of a load may either (a) cause 
total bond failure or (b) shift the equilibrium 
without resulting in failure.

The net rate — diVs/di of bond rupture is given 
by equation 5 and 8 where R\ is the rate in the for­
ward direction and R2 the rate in the reverse direc­
tion. C is the frequency factor which can be calcu­
lated from the theory of absolute reaction rates to 
be kT/h.

R, =  CNb exp

-diVB
di

Ri =  CNtj exp T

r - F t:xp ^--------

+  WA -  F\/2Nb j

=  CjVb exp

kT
- ( F t  +  F\/2Nb~\

kT J 
W a +  F\/2Nb~ 

kT

( 6)

(7)

(CNo -  N b) exp [  F t ¿ p 7— B]  (8)

Equation 8 represents the net rate of passage 
over the barrier at time t, as a function of the num­
ber of molecules, IVb (0> remaining in the bonded 
state. Integration to determine the relationship 
between break time and the various parameters is 
not possible. Two alternative ways to use equation 
8 will be described.

The initial rate can be shown to be
_  (dNjA 

\ dt /  e_o CN b exp 

FA

- ( F t  +  W a ))]
exp \2iVBM /

kT

~ ®XP (^Vb̂ ) ] (9)

since from equation 1 .Vb exp ( - W a/kT) =  N jj. 
If it is assumed that the initial rate remains un­
changed until failure, then the time to failure, ¿b, 
can be derived.

5  B
-(d iV s/d it-o

Substituting into (8) gives

¿B
= C exp — (Ft +  W a T

kT

[exP (
FA \ 

2Nb*cT / — exp

or

=  A  [exp (BF) -  e x p ( -ß F ) ]  tß

( 1 0 )

( H )

( 1 2 )

where
, ^ r - ( F t  +  Wa)1 kT r - ( F t  +  I - F a H

A = c  exp L --------kT--------J =  T  exp L--------kT-------- J
( 1 3 )

and
d _ a A[1 +  exp ( - W A/kT)]

2 NBkT 2N0kT ( '

Equation 12 might be tested experimentally by 
comparing the time to failure of two systems for 
which either Ft or Wa are the same. Certain plas­
ticizers will decrease E+ while probably not affect­
ing IT a- Immersion in a suitable liquid will change 
ITa without affecting Fl. It must be established, 
of course, that Ar0 and X are the same for the two 
systems.

A precision device was not available for testing 
equation 12. The apparatus used for a rough check 
is depicted in Fig. 3. The electromagnet and weight 
assembly (A) was constructed for the sole purpose 
of application of the adherend plunger (B) to the 
film of adhesive to be tested (C). The applied or 
“ breaking” tensional load is added to the balance 
pan at (D).

A Electromagnet bonding assembly. 
B Adherend plunger.
C VISCOELASTIC ADHESIVE.
D TENSIONAL LOAD-

Fig. 3.—Tensional adhesion apparatus.

Data obtained with this instrument for poly­
methylmethacrylate (Lucite) bonded to polyisobu­
tylene (Vistanex) are given as experimental points 
in Fig. 4. Note that reproducibility is poor. For 
comparison, the hyperbolic sine curve predicted by 
equation 12 is also plotted.

0 0.05 0.10 0.15 0.20
l/t (see.-1 ).

Fig. 4.— Comparison of experimental-theoretical adhesion 
curves.

Another approach involves extracting as much 
information as possible from equation 8. First, it 
is possible to examine the conditions under which 
— cLVb/ d£ =  0, or a dynamic equilibrium exists 
between bonded and unbonded state. At equilib­
rium with force F
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exp ( v S f )  = —  A , ' ' ” ’ ex"  W J k T )  (15) 

F\ = N BkT In -  -  -  +  NbWa. (16)
IX B

Clearly (for all values of W a)  FX =  0 at A’b =  0. 
For large A’ b, FX becomes negative, yet the initial 
slope of FX at A’ b = 0 is positive. Consequently, 
FX must pass through a maximum. Values of FX 
in excess of this maximum produce failure. Differ­
entiating equation 16 with respect to .Vb and de­
termining V b, the value of Atb when FX is a maxi­
mum, in terms of Wx/kT

d FX 
dVB 0 =  kT  In

A'o

No  -  N% NokT
Ni

No -  N% =  In '

Vo -  
> A'b

,V<5-O B

N-  +  TFaB
W A

k t

CD

( 18)

If Wa and V 0 are known, it is possible to calcu­
late the minimum force necessary to produce fail­
ure, or “ critical force,” from equations 16 and 18.

To obtain a comparison between the simplified 
rate expression, equation 12 and the general ex­
pression, equation 8, it is necessary to assume arbi­
trary values of the several parameters appearing in 
the rate expressions. For purposes of calculation, 
let

TTa =  3kT = 3 X  10-21 cal./molecule 
A’o = 1 X  1012 molecules 
Ft =  30kT =  30 X  10-21 cal./molecule 
X =  100 A. =  1 X  10 “ 6 cm.

Note that TV a was assumed to be roughly equal 
to the energy of van der Waals bonds. The value for 
F + was chosen to be equal to the activation 
energy for viscoelastic deformation of polyisobu­
tylene. The 100 A. value chosen for X was quite 
arbitrary. The value for V 0, also quite arbitrary, 
was chosen by dividing the cross-sectional area of 
the adherend plunger in the experimental apparatus 
(see Fig. 3) by an estimated area for each bonding 
site, i.e., 10-1 cmA/lO” 13 cm.2.

The constant C in equations 8 and 13 is equal to 
kT/h or 6.33 X 1012 sec.-1. Using the above val­
ues for F* and W a gives a value of 0.032 for A in 
equation 13. The A obtained by fitting an hyper­
bolic sine function to experimental data is 0.00.3 
(see Fig. 4). If F* had been chosen as 31.8/,'7', 
instead of 30kT, the calculated value of A would 
then have been 0.005. For purposes of calcula­
tion, the assumed value of 30kT for F* will be

0 1 2  3 4 5 6 7 8 9  10
V» X 10"” .

Fig. 5.— Plot for graphical integration of general rate equa­
tion.

1b (seconds).
Fig. 6.— Comparison simplified— general rate expressions.

0 10 20 30 40 50 60 70 80 90 100
la (seconds).

Fig. 7.— Effect of work on adhesion on tensional adhesion 
(calculated).

Wa

No
T

= 5 KT 
= 100 
x 1 x 1 
= 300°

X
o'2
K

^ —
F* 60 kT

t

V it-HU_ 
I

31.6 kT

1 1-------
0 100 200 300 400 500 600 700

In (seconds).
Fig. 8.— Effect of free energy of activation on tensional ad­

hesion (calculated).

changed to 31.8M7 so that the value of A  in the 
simplified expression will agree with experiment. 

Thus
A'b° (equil., no load) = ---------- -

1 +  exp

=  9.5 X 10u molecules
A =  C exp [ - ( F t  +  W J k T ) ]  =  0.005

2NB°kT
1 X  IO“ 6 X  2.3 X 10-5 

2 X 9.5 X  IO-11 X 1 X  10-21 0.012 g. 1 molecules 1

N o t e : If F is in grams and X is cm. then FX must 
be multiplied by 2.3 X 10-5 to get calories— or 1;T 
divided by 2.3 X 10-6 to get gram cm.
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Equations 8 and 12 can now be compared. For 
equation 12 F is plotted versus 1 /ty„ For equation 
8 dt/dN^ is plotted as a function of J V b  at constant 
F. Integrating graphically from N b =  (AYlt = o to 
Ns, =  0, gives t~s for each F (see Fig. 5). A compari­
son of the simplified and general expressions is 
given in Fig. 6. The curves have a similar shape ex­
cept for an important distinction. The simplified 
equation 12 suggests no critical force, while the 
more precise equation 8 predicts a critical force at
67.5 g.

A rough indication of the effect of the variables 
W a and F+ on the apparent bond strength can be

obtained by calculation. Figures 7 and 8 show the 
results. Note that work of adhesion has a profound 
effect on time to breakage for a given load, although 
it represents a small fraction of the energy ex­
pended. The free energy of activation for visco­
elastic flow of the adhesive also has a marked ef­
fect.

Although, admittedly, experimental confirma­
tion is lacking, it is felt that the absolute rate theory 
affords a new point of view for examining adhesion 
and may suggest experiments which could lead to a 
true understanding of the effect of the variables 
governing the process.

SURFACE TENSION AT ELEVATED TEMPERATURES. III. EFFECT OF 
Cr, In, Sn AND Ti ON LIQUID NICKEL SURFACE TENSION AND 

INTERFACIAL ENERGY WITH A120 3
By C. R. K u rkjian  and  W. D. K ingery

Ceramics DivisionDepartment of Metallurgy, Massachusetts Institute of Technology, Cambridge, Massachusetts
Received January 20, 1956

The sessile drop method has been employed to study the surface tension and interface energy of dilute solutions of indium, 
tin, chromium and titanium in nickel for the system N i(l)-Al20 3 (s). The surface tension of pure liquid nickel was found to be 
1725 dyne c m . '1. Indium and tin concentrate at the liquid-gas interface, lowering the surface tension; chromium and tita­
nium concentrate at the solid-liquid interface, lowering the interface energy. Adsorption at the solid-liquid interface is 
closely related to the free energy of metal-oxygen bond formation.

Introduction
Although the importance of surface and interface 

energies in determining wetting behavior, in study­
ing joining phenomena, and in determining equilib­
rium microstructure of polyphase systems is well 
known,’ 3 there have been few quantitative meas­
urements at elevated temperatures. It has pre­
viously been reported that small amounts of oxy­
gen and sulfur are markedly surface active in liquid 
iron.4 In the present paper, the surface and inter­
face energy of the solutions in liquid nickel of 
indium and tin, which have low surface tensions, 
large atomic size and might be expected to be sur­
face active, and of chromium and titanium, which 
are known to enhance wetting behavior, are re­
ported.

Data previously reported for the surface tension 
of liquid nickel give values from 1505-1760 dynes/ 
cm. under various atmospheres and in contact with 
various supports.6 The higher value would be ex­
pected to be closest to the value for pure nickel, 
lower values being due to various sources of minor 
contamination.4 No cata are available in the lit­
erature for solutions of other constituents in nickel.

Experimental
The sessile drop method which previously has been de­

scribed in detail4,5 was employed to simultaneously deter­
mine liquid surface tension and contact angle of the liquid

(1) With funds from the United States Atomic Energy Commis­
sion under Contract No. AT(3 J—1)-1192.

(2) C. S. Smith, Trans. A.I.M.E., Tech. Paper No. 2387 (1948).
(3) A. Bondi, Chem. Revs., 52, 417 (1953).
(4) F. A. Halden and W. D. Kingery, T h i s  J o u r n a l , 59, 557 (1955).
(5) W. D. Kingery and M. Ilumenik, Jr., ibid., 57, 359

(1953).

in contact with aluminum oxide. The maximum experi­
mental deviations in measured values for a given composi­
tion varied between 1 and 3% . Interface energies were 
calculated from the following relation between the liquid- 
solid, solid-vapor and liquid-vapor interface energies and 
the contact angle, 6 taking a value of 930 erg/cm .2 for

Tls =  Ysv — Vlv cos 9 (1 )
the solid surface energy of A1*0, at 1475°.c An error in 
this value, or a change due to the presence of liquid nickel, 
will shift the absolute value of interfacial energy reported, 
but will not affect the slope of the curves or the calculation 
of interfacial adsorption if it can be assumed that small 
solute additions have no effect on the solid surface energy.

High-purity vacuum-melted nickel (Vacuum Metals 
Corporation) was employed as the base material for all 
compositions prepared. This material has the following 
impurities: 0.004% C, 0.0043 O, 0.000042 N , 0.0023 S, 
0.002 Cu, 0.025 Fe, 0.01 Mg, 0.009 Si. Compositions were 
prepared by vacuum melting this material with various 
additions of high-purity tin, indium, chromium and tita­
nium hydride. From these ingots, samples were prepared 
with hemispherical bases to ensure a uniform advancing 
contact angle. Sessile drops were melted on A120 3 plaques 
prepared from calcined aluminum oxide (.1. T . Baker, re­
agent grade), sintered m  vacuo at 1830°, and polished.

Indium-nickel and tin-nickel compositions were studied 
in a purified helium atmosphere; chromium nickel and 
titanium-nickel compositions were heated in pure dry 
hydrogen and then melted rn vacuo (0.005 m)- No differ­
ences in liquid surface tension were found between mea­
surements in hydrogen, helium, or vacuo, indicating that 
previous variations in different atmospheres5 (which gave 
lower surface tension values than reported here) must be 
attributed to small amounts ot impurities.

In view of the known effects of small amounts on metal 
surface tension,4 all compositions were analyzed for oxygen 
as well as for the added constituent. Results of experi­
mental surface tension measurements, contact angles, 
and interface energies calculated from equation 1 are listed 
in Table I.

(6) W. D. Kingery, J. Am. Cer. Soc., 37, 42(1954).
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T a b l e  I
Su b fa c e  T e n sio n  a n d  C o n ta c t  A n g le  M e a su r e m e n ts  a t  

1475°

wt. %
added

constituent
wt. %
oxygen

Surface
tension,
dyne
cm .-1

Contact
angle,
degree

Interface 
energy, 

erg cm. 2
0.05 In 0.0048 1510 136.7 2030
0.53 In .0044 1329 140.9 1960
0.90 In .0060 1277 141.8 1935
3.32 In .0037 1251 143.1 1930
0.007 Sn .005 1627 141.1 2196
0.047 Sn .005 1540 145.8 2202
0.56 Sn .003 1494 145.4 2160
1.86 Sn .002 1422 148.8 2136
0.027 Cr .006 1725 136.1 2171
0.14 Cr .007 1725 135.2 2156
0.89 Cr .0006 1725 135.2 2155
3.61 Cr .003 1725 118.2 1746
8.72 Cr ' .0075 1725 108.8 1485
0.004 Ti . .002 1725 137.8 2205
0.015 Ti .001 1725 125.1 1920
0.025 Ti .001 1725 123.6 1885
0.051 Ti .001 1725 121.3 1450
0.87 Ti <  .0001 1725 90.0 930

Discussion
A. Liquid Surface Tension.— In two com­

ponent systems, the relation between surface 
tension and composition for ideal mixtures is given 
by

. R T . X\  , RT , X ’
7 = Yi H--------In -ÿrr-. = 72-1---------In ^«I X °1 62 X»2 ( 2 )

where yi and y2 are the surface tensions of the 
pure components ei and e2 are the molal surface 
areas, and X ’ and X b are the surface and bulk mole 
fractions, respectively.7 ~9 If solutions are not 
ideal, an additional term must be included in equa­
tion 2 to take into account the mutual interaction 
of the two components. Surface adsorption of the 
solute is favored by positive deviations from 
Raoult’s law as well as by a lowering of the surface 
tension.7-9

As indicated in Table I, small additions of 
chromium and titanium have no appreciable effect 
on the surface tension of nickel. This is not un­
expected, since various empirical correlations3'10’11 
indicate that the surface tensions of titanium and 
chromium should be similar to that of nickel.

The surface tension of nickel is markedly loAvered 
by small additions of indium and tin. These ef­
fects have been calculated from equation 2. The 
measured density (8.0 g./cc.) and surface tension 
(1725 dyne/cm.) were employed for liquid nickel 
in these calculations, taking surface area as equal to 
the (molal volume) %  The density of tin is 
knoAvn12 at 1475° (6.18 g./cc.), giving a surface 
area of 10.0 X 30~16 cm.2/atom. A linear extra-

(7) R. Defay and I. Prigogine, Trans. Faraday Soc., 46, 199 (I960).
(8) J. H. Hildebrand and R. L. Scott, “ Solubility of Non-Electro­

lytes,” Reinhold Publ. Corp., New York, N. Y., 1950.
(9) E. A. Guggenheim, “ Mixtures,”  Oxford Univ. Press, Cambridge, 

1952.
(10) C. J. Leadbeater, “ Selected Gov’t. Res. Rept., Powder Metal­

lurgy,”  Ministry of Supply, 1951.
(11) K. Huang and R. Wyllie, Proc. Phys. Soc., A62, 180 (1949).
(12) A. L. Day and R. B. Bosnian and J. C. Hostetter, Am. J. Sci., 

37, 1 (1914).

polation of the molar volume vs. temperature for 
indium13 gives a surface area of 10 X 10-16 cm.2/  
atom at 1475°. Crude extrapolations of surface ten­
sion data from much lower temperatures give 
estimates of 400 dyne/cm. for the surface tension 
of tin and 150 dyne/cm. for the surface tension of 
indium at 1475°.

Results of these calculations are shown as solid 
lines in Fig. 1 together with measured surface 
tensions. Tin shoAvs negative deviations from ideal 
solution behavior,14 * so that a smaller surface acti­
vity is expected than that calculated. DeAnations 
of N i-In solutions from ideal solution behavior are 
not known. Additions above 0.5% show surface 
tensions of the magnitude to be expected, with 
deviations for tin occurring in the right direction 
to be accounted for by deviations from ideality. 
The lower concentrations show surface tensions 
which are considerably lower than can be accounted 
for by ideal solution behavior, and can hardly be ac­
counted for by deviations from ideality since they 
deviate in the opposite directions from higher con­
centrations. We have no satisfactory explanation 
of these results for Ioav concentrations. They are 
probably in part, and may be completely, due to 
the 0.005% oxygen present. About this same 
amount of oxygen is present in the Ni-Cr and 
N i-Ti solutions, but would have a lower activity 
there.

The surface tension of pure nickel may be taken 
from these results as equal to 1725 dyne/cm. at 
1475°. This value is close to the value of 1720 
dyne/cm. at 1570° previously reported for pure 
liquid iron.4

B. Interfacial Energy with A120 3.— The inter- 
facial energies of the compositions studied are 
shown in Fig. 2, plotted against log wreight per cent, 
addition. Over the range of compositions studied, 
additions of tin and or indium have little effect on 
the interface energy. In contrast, both titanium 
and chromium markedly lower the interface energy. 
The excess surface concentrations can be derived 
from the Gibbs isotherm

r  =  “  RT  d In a (3)

Fig. 1.— Effect of tin and indium on the surface tension of 
liquid nickel at 1475°.

(13) R. N. Lyon, Ed., “ Liquid Metals Handbook,”  Atomic Energy 
Commission and Bureau of Ships, 1952.

(14) C. Wagner, “ Thermodynamics of Alloys,”  Addison-Wesley
Press, Cambridge, Mass., 1952.
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and indicate that, a monolayer of adsorbed titanium 
(12 X 1014 atoms/cm.2) is found at about 0.01 
weight %  concentrations. A monolayer of ad­
sorbed chromium (13 X 1014 atoms/cm.2) is formed 
at about 1.0 weight %  chromium. Since there are
15.3 X 1014 atoms/cm.2 in the plane of densest 
packing of oxygen atoms in A120 3,15 and the surfaces 
used were randomly oriented and small grained, 
this corresponds to about one excess metal atom 
for each oxygen ion at the surface.

The solid curves in Fig. 2 have been drawn in 
conformance with the Langmuir adsorption equa­
tion,8.9 i.e.

7 =  7« -  O' k T  111 ( l  +  ^  (5)

where a and Co are experimentally determined con­
stants. These curves fit the experimental data 
reasonably well. Without information as to 
activities, speculatioh regarding deviations seems 
pointless.

These results and other measurements of inter­
face energies of metals on oxide systems4-6 indi­
cate that the oxide surface is dominated by large 
oxygen anions, and that there is little attraction 
between an oxide surface and an inert metal. It is 
only highly electropositive constituents (such as 
chromium and titanium) which tend to concentrate 
at the interface. "Phis transfer to the interface 
layer is a chemisorption process and may be repre­
sented as

(15) W. L. Bragg, “ Atomic Structure of Minerals,”  Cornell Univ. 
Press, Ithaca, N. Y., 1937, p. 93.

WEIGHT PERCENT ADDITION

Fig. 2.— Effect of Sn, Ti, I n  and Cr on the Ni(l)-AI20 3(s) 
interfacial energy at 1475°.

Mi(solute) +  M2-0(surface) = M, O(surfaee) +
M2(solvent) (6)

with the free energy change for this process directly 
related to the standard free energies of formation of 
the oxides. Materials forming more stable oxides 
(Cr, Ti, Si6) than the solvent (Ni, Fe6) are adsorbed 
at the oxide surface while solutes forming less 
stable oxides (In, Sn) show little interfacial adsorp­
tion. The concentration at which essentially 
complete surface coverage is obtained (1, 0.1, and 
0.01 for Cr, Si and Ti) decreases with increasing 
oxide stability (AF°Tio = —117 kcal./mole;
AF°i/2Sio-2 =  — 110 ; A F ° i/so 203 =  — 96).

BINARY FREEZING POINT DIAGRAMS FOR 2-AMINOPYRIDINE WITH 
SATURATED AND UNSATUIIATED LONG CHAIN FATTY ACIDS

By R obert  R . M od and E vald  L. Skau

Southern Regional Research Laboratory,1 New Orleans, Louisiana 
Received January 21, 1956

Binary freezing point data have been obtained for 2-aminopyridine with lauric, myristie, palmitic, stearic, oleic, elaidic 
and a- and /S-eleostearic acids. The binary diagrams prove the existence of two congruentlv-melting, crystalline, molecular 
compounds in each case. For the saturated acid systems, the compounds had the compositions RCO O H N C5HiNH2 and 
4RCOOH-NC5H4XH2, and for the unsaturated acid systems, R'COOH-XCJl.NTh and 2R 'C O O H N C6H4NH2. If the 
deviation from ideal freezing point depression can be attributed to molecular compound formation alone the data show' that 
the degree of dissociation of the acid-amine compound in the molten state varies wdth the chain length and the degree of 
unsaturation. For the saturated acids dissociation is greater the longer the chain length of the acid. For the Ci8 acids 
the dissociation is greater the less the degree of unsaturation.

Though amine salts of mixtures of long chain 
fatty acids have long been used as soaps, emulsifiers 
and detergents very little effort has been made to­
ward the isolation and characterization of the pure 
individual compounds. Ramsay and Patterson2 
isolated an equimolecular compound of 2-aminopyri- 
dine with stearic acid in connection with the use of 
this amine in the separation of homologous fatty 
acids by partition chromatography. In previous

(1) One of the laboratories of the Southern Utilization Research 
Branch, Agricultural Research Service, U. S. Department of Agricul- 
tu re.

(2) L L. Ramsay and W. I. Patterson, ./. .1 ssor. Off. Ayr. Chemists,
31, 139 (1948).

publications3-6 from this Laboratory it was shown 
by binary freezing point measurements that acet­
amide forms a similar 1:1 compound with stearic 
acid but that the corresponding Cm, mono-unsatu- 
rated oleic and elaidic compounds have incongruent 
melting points and the more highly unsaturated 
eleostearic acids form no crystalline molecular

(3) F. C. Magne and E . L. Skau, J. Am. Chem. Soc., 74, 2628 
(1952).

(4) R . R. M od and E . L. Skau, T h i s  J o u r n a l , 56, 1016 (1952).
(5) R . R . Mod, E. L. Skau and R. W . Planck, J. Am. Oil Chem. 

Nee.. 30, 368 (1953).
(fi) R. T. O’Connor. R. R. Mod, M. D. Murray and K. L. Skau, 

J. Am. Chem. Soc., 77, 892 (1955).
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compounds. The binary freezing point diagrams 
for 2-aminopyridine with a number of saturated and 
unsaturated fatty acids reported below show that 
two crystalline compounds form in each case— 
an equimolecular compound and a compound con­
sisting of 2 or 4 molecules of acid per molecule of 
amine depending upon whether the acid is unsatu­
rated or saturated.

Experimental
The fatty acids were purified by the procedures previously 

described.3" 5 The pure 2-aminopvridine, f.p. 58.0°, was 
obtained by repeated recrystallization from benzene. The 
freezing point determinations were made with a probable 
accuracy of ± 0 .2 °  by the thermostatic synthetic procedure,3 
which involves finding two temperatures a few tenths of a 
degree apart at which, in one case, liquefaction is complete 
and, in the other, a few crystals persist after a long period 
with agitation at constant temperature.

Results and Discussion
The data for the complete binary freezing point 

diagrams are given in Table I and are represented 
graphically for the saturated acids in Fig. 1 and for 
the various unsaturated acids in Fig. 2. For the 
oleic acid system only two points were obtained in 
equilibrium with the stable modification of the acid; 
the metastable equilibria are represented by the 
broken lines in Fig. 2. In all of the eight systems 
two molecular compounds form, each having a con­
gruent melting point.

T a b l e  I
B in a r y  F r e e z in g  P o in t  D a ta  fo r  2 -A m in o p y r id in e

w it h  V a r io u s  A cid s0
Mole % Mole. % Mole %
2-amino­ F.p., 2-amino­ F.p., 2-amino­ F.p.,
pyridine °C. pyridine °C. pyridine °C.

Laurie acid Myristic acid Palmitic acid
0 . 0 0 4 3 . 9 0 . 0 0 5 3 . 9 0 . 0 0 6 2 . 5
0 .2 0 41 .8 1 2 .2 7 5 0 . 2 6 . 5 6 0 1 . 3

1 2 .4 1 3 9 . 2 1 6 . 6 8 4 7 . 6 1 2 . 5 0 5 9 . 4
1 6 . 0 0 3 0 . 5 ( 1 7 . 7 ) " ( 4 6 . 8 ) " 1 7 . 2 8 5 7 . 2
17 .61 3 5 . 0 ( 2 0 . 0 0 ) ' ( 4 7 . 2 ) ' ( 1 8 . 0 ) " ( 5 6 . 6 ) 1

( 1 8 . 5 ) " ( 3 3 . 8 ) " 2 1 . 0 6 4 7 . 2 1 8 .4 7 5 6 . 7
1 9 .2 3 3 3 . 9 3 0 . 6 8 4 4 . 5 1 8 .9 3 5 6 . 9

( 2 0 .0 0 ) ° ( 3 3 . 9 ) ' ( 3 3 .2 0 ) " ( 4 3 . 2 ) " ( 2 0 . 0 0 ) ' (5 7 .  o r
2 1 . 2 9 3 3 . 9 3 5 . 8 8 4 6 . 1 2 0 . 5 8 5 7 . 0
2 6 . 1 5 3 2 . 9 ( 5 0 . 0 0 ) ' ( 5 1 . 3 ) ' 2 3 . 1 5 5 6 . 9
3 0 . 1 0 3 2 .1 5 1 . 3 3 5 1 . 3 2 6 . 1 1 5 6 . 5

(3 2 .4 ) " ( 3 1 . 6 ) " 6 8 . 0 2 4 6 . 8 2 9 . 1 7 5 5 . 6
3 5 . 0 8 3 4 . 6 ( 7 3 . 2 ) " (4 4 .4 ) " 3 1 . 4 7 5 4 . 1
3 9 . 0 7 3 8 . 2 7 9 . 4 3 4 8 . 9 (3 3 .4 )* ( 5 2 . 6 ) 1
4 5 . 5 0 4 1 . 3 8 9 . 7 1 5 4 . 2 3 4 . 6 4 5 3 . 5

( 5 0 . 0 0 ) ' ( 4 1 .6 ) ° 1 0 0 .0 0 5 8 . 0 3 7 . 1 6 5 5 . 2
5 0 . 1 5 4 1 . 0 4 1 . 7 1 57.3
54.51 4 1 . 4 44.90 58.2
59.78 40.1 (50.00)' (58.8)'
04.84 38 1 50.67 58.8

(67.4)" (36.8)" 54.64 58.4
7 0 .2 1 40.0 59.86 57.3
7 4 . 8 8 4 4 . 3 69.30 54.5
7 9 .5 1 47.7 73.69 53.0
84.67 50.8 75.27 52.4
9 4 . 7 7 5 5 . 0 (80.00)" (50.5)'

100.00 58.0 80.00 50.5
82,11 51.4
89.71 54.4

100.00 58.0

Mole % Mole % Mole %
2-ainino- F.p., 2-amino­ F.p., 2-amino­ F.p.,
pyridine °C. pyridine °C. pyridine °c.

Stearic acid a-Eleostearic acid (3-Eleostearic acid
0 . 0 0 6 9 . 3 0 . 0 0 4 8 . 4 0 . 0 0 7 0 . 5

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

(1 8 .0 ) " ( 6 4 . 5 ) " 1 7 .8 2 4 1 . 4 1 9 . 8 7 6 3 . 6
( 2 0 . 0 0 ) ' ( 6 5 . 0 ) ' 2 1 . 6 1 3 8 . 1 2 4 . 3 6 6 0 . 7
2 2 . 0 7 6 5 . 0 2 9 .8 1 2 8 . 9 2 8 . 5 1 5 7 . 4
31 .95 6 2 . 8 3 1 . 4 2 2 0 . 9 ( 2 8 . 5 ) " ( 5 7 . 4 ) "

( 3 5 . 2 ) " ( 6 0 . 3 ) " ( 3 1 . 6 ) " ( 2 6 . 4 ) " ( 3 3 . 3 3 ) ' ( 5 8 . 7 ) '
3 7 . 4 4 6 1 . 3 ( 3 3 . 3 3 ) ' ( 2 6 . 5 ) ' 3 3 . 5 9 5 8 . 7

( 5 0 . 0 0 ) ' ( 0 4 . 7 ) ' 3 4 . 6 8 2 6 . 5 3 6 . 3 1 5 8 . 4
5 0 . 6 9 6 4 . 7 3 5 . 2 6 2 6 . 4 ( 4 0 . 0 ) " ( 5 7 . 0 ) "
6 5 . 3 4 6 2 .1 3 7 . 7 2 2 6 . 5 4 0 . 1 9 5 7 . 1
7 9 . 9 0 5 7 . 3 4 2 . 1 9 2 4 . 6 4 3 . 4 2 5 8 . 4
8 5 . 8 8 5 4 . 9 ( 4 2 . 2 ) " ( 2 4 . 6 ) " 4 8 . 3 1 5 9 . 3

( 8 7 . 4 0 ) " ( 5 4 . 2 ) " 4 6 . 7 6 2 7 . 3 ( 5 0 . 0 0 ) ' . ( 5 9 . 4 ) '
9 0 . 2 6 5 5 . 2 4 7 .9 1 2 7 . 6 5:. . 05 5 9 . 4
9 4 . 4 5 5 6 . 5 4 9 . 9 6 2 7 . 9 5 8 . 5 4 5 8 . 1

100.00 58.0 (50.00)' (27.9)' 63.56 56.3
54.89 27.2 71.93 53.1
58.35 26.3 75.88 50.8
60.56 25.0 79.76 48.9

(02.4)" (24.6)" (80.80)" (48.4)"
03.93 29.0 85.03 51.0
67.11 35.3 87.99 52.5
88.15 52.3 100.00 58.0

100.00 58.0

Elaidic acid Oleic acid
0.00 43.8 0.00 16.3, .J 3 . 5 i

13.58 40.6 4.44 15.8, 1 2 . 8

19.71 37.6 8.20 1 1 . 6

21.89 36.3 14.27 8 . 7

22.34 36 0 (19.1)" (,5.9 )"
(24.0)" (34.8)" 22.17 8.6
27.05 35.6 26.68 11.8
30.50 36.4 32.72 13.7
33.17 36.7 (33.33)' (13.8)'

(33.33)' (30.7)' 36.40 13.4
34.24 30.6 41.61 11.1
35.05 36.5 (45.5)" (8.9)"

(36.6)" (30.0)" 47.56 9.4
36.85 36.1 49.60 9.8
37.12 36.3 (50.00)' (9 .8)'
43.56 39.3 51.17 9.8

(50.00)' (40.2)' 51.85 9.9
50.77 40.1 (53.6)" (9.5)"
62.06 38.2 54.65 12.9

(65.9)" (36.7)" 56.80 19.4
65.93 36.7 61.41 29.9
67.85 39.9 71.38 43.4
74.58 40.0 80.50 49.9
85.85 52.8 100.00 58.0

100.00 58.0
° The values in parentheses were obtained by graphical 

interpolation. " Eutectic. 'Freezing point of compound. 
d Values in italics are for metastable equilibria.

For the saturated fatty acids these compounds 
have the compositions RCOOH-NCsKiNIE and 
4 R C O O H N C 5 H 4 N H 2 .  The freezing points of the 
4:1 and 1:1 compounds for stearic acid are nearly 
identical, about 4.3 and 4.6°, respectively, below 
that of the acid. As the number of carbon atoms 
in the acid decreases from 18 to 12 the difference
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between the freezing points of the acid and the 4:1 
compound increases from 4.3 to 10.0° while the 
corresponding difference for the 1:1 compound 
decreases from 4.6 to 2.3°. As a result, the freezing 
point of the 4:1 compound in the stearic acid sys­
tem is 0.3° higher than that of the 1:1 compound, 
but for palmitic, myristic and lauric acids it is 1.8,
4.1 and 7.7° lower, respectively.

Since all of the molecular compounds melt con- 
gruently there are three eutectics, viz., between the 
acid and the 4:1 compound, between the 4:1 and 
1:1 compounds, and between the 1:1 compound and 
the amine. For stearic acid these eutectic compo­
sitions are 18.0, 35.2 and 87.4 mole %  of amine, re­
spectively. As the number of carbon atoms in the 
acid molecule decreases the first of these eutectic 
compositions remains virtually unchanged and the 
others change gradually so that the eutectic com­
positions for the lauric acid system are 18.5, 32.4 
and 67.4 mole %  of amine, respectively.

In contrast to the behavior of the saturated 
acids, the molecular compounds formed by the C]8 
unsaturated fatty acids have the compositions 
RCOOHNC6H4NH2 and 2RCOOHNC6H4NH2. 
The 1:1 compound of elaidic (trans) acid has a 
higher freezing point than the 2:1 compound, and 
for the oleic (cis) acid the reverse is true. For the 
(cis-trans-trans) a- and (trans-trans-trans) /3-eleo- 
stearic acids the 1:1 compound has a slightly higher 
freezing point than the 2:1 in both cases.

It is apparent from the amine side of Fig. 1 that 
the lowering of the freezing point of 2-aminopyri- 
dine by a given mole %  of saturated fatty acid is 
greater the shorter the chain length of the acid. This 
can be construed as meaning that the degree of dis­
sociation of the molten molecular compounds into 
free acid and amine decreases with a decrease in 
the length of the fatty acid molecule, as was previ­
ously3 found to be true for the molecular compounds 
between acetamide and these acids. According to 
the same reasoning the degrees of dissociation of 
the acid-amine compounds for the oleic, elaidic 
and myristic acids are practically identical; that 
for the /5-eleostearic acid is about the same as lauric 
acid; and that for the a-eleostearie acid is the low­
est of all. This would indicate that for the Ci8 acids 
the degree of dissociation of the acid-amine com­
pound decreases as the degree of unsaturation in­
creases.

For the saturated acids the relative degrees of dis­
sociation of the acid-amine compounds can also be 
deduced from the data on the acid side of Fig. 1; 
he., from the freezing point depression of the acid 
by the amine. Since the heats of fusion of the indi­
vidual saturated fatty acids arc known, the ideal 
freezing point lowering can be calculated. In the 
range of concentrations where the acid is the solid 
phase the experimental freezing points fall below the 
calculated values and the deviation increases as the 
chain length of the acid decreases. If the deviation 
is attributed entirely to compound formation the 
data show that, at the temperature in question, 
the proportion of free acid present in the molten

MOLE PERCENT 2-AMINOPYRIDINE

Fig. 1.— Binary freezing point diagrams for 2-amino- 
pyridine with: A, stearic acid; B, palmitic acid; C, myristic 
acid; D, lauric acid.

Fig. 2.— Binary freezing-point diagrams for 2-amino- 
pyridine with: A, /3-eleostearic, acid; B, a-eleostearic acid; 
C, elaidic acid ; D, oleic acid. Broken lines represent meta- 
stable equilibria.

acid-amine compound is lowest for the short chain 
acids. This is consistent with the above conclusion 
that the degree of dissociation of the saturated acid- 
amine compounds increases as the length of the 
acid molecule increases.

Acknowledgment.—The authors are indebted 
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a- and /3-eleostearic acids.
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A general approximation for the kinetics of the reaction A <=f B —*■ C has been developed. The limits of the approxima­
tion and the relation between the approximation and the exact solution are established. Comparison of the results of this 
approximation with other approximations in current use is made.

The increasingly frequent use of steady-state and 
equilibrium treatment approximations for the 
kinetic treatment of complex reactions warrants a 
fresh look at the assumptions involved. Such a 
look leads to a more general approximation than 
has been used previously. Consider the reaction

A B ----O
ko

(i)

Here

= Ay [B ] -  At [A] (2)

= Ab,[A] -  At [B ] -  /MB] (3)

d[C] — fr [TilN T -  Mn] (4)
And if we set

[A] +  [B] +  [C] = A” (5)
Then

d [A] d[B] cl [C] 
df ^  At ^  df (6)

The exact solution of this set of equations is 
known1'2 and will be discussed in a later section of 
the paper.

One variation of the equilibrium treatment3 
makes use of equations 4 and 6 and the two approxi­
mations that

(a) [B] = Keq[A] = J) [A]

(b) is negligible in equation G

This gives
_  d]A] _  d[C] _  At Ay [A] 

df df ko (7)

Alternatively, and more rigorously, an expression 
for d[B ]/df may be obtained from the first ap­
proximation (a) and used in equation 6, giving

_  d[A] _  kiks ,. . 
d£ ki +  k2 (8)

In this paper equation 7 will be termed the equilib­
rium approximation and equation 8 the rigorous 
equilibrium approximation.

The steady-state treatment3 makes use of equa­
tions 3, 4, and 6 and the approximation that d f B ]/

(1) T. M. Lowry and W. T. Johns,J. Chem. Soc., 97, 2634 (1910).
(2) See also A. A. Frost and ft. G. Pearson, "Kinetics and Mecha­

nism,’ ’ John Wiley and Sons, Inc., New York, N. Y., 1953, pp. 160-164. 
The treatment given in these references is for a more general case in­
volving an additional rate constant, kt, as a return reaction of C yield­
ing B. The solution for (1) is then a specific case where ¡a ~  0 in the 
solution given in references 1 and 2.

(3) See, for example, ref. 2, pp. 179-183.

df is negligible in equations 3 and 6. This gives
At

[13] = ko — t; [A]

and
d [A 1 

df
d[CJ

df
At At

è2 Ay [A] (9)

The treatment developed here makes use of 
equations 3, 4 and 6 and the first approximation 
that d[B]/df is negligible in equation 3. As in 
the case of the steady-state treatment this as­
sumption and equation 3 yield

h
1,51 -  f ,7  /.. [A1 ( 10)

A second approximation for d[B ]/d i may be ob­
tained by differentiating the above equation with 
respect to t, i.e.

d [13] At d [A]
' df (IDAy T  A’ 3 df

If this second approximation for d[B ]/d i is used in 
equation 6, and (10) with (4), then

_  d[A] _  A, _  d|A] _  d[C] _  h h  
df ka ! ■ Ay df

which rearranges to
AyAy

dt A'2 I A'3
1A1

<1 [A] 
df [A] ( 12)At -f- A'2 +  At

Equation 12 may be termed the improved steady- 
state approximation. Inspection of equations 7, 
8 and 9 shows that the equilibrium treatment, the 
rigorous equilibrium treatment, and the steady- 
state treatment may all be considered to hold as 
special cases of (12) where the terms Ay and k3, k3, 
and /q, respectively, are negligible terms in the 
denominator.

Limits of the Approximation.—The limits of the 
improved steady state approximation may be 
roughly set by a third approximation, i.e., (3) 
and (11) may be equated and d[A ]/di replaced by 
A2[B] -  At [A], i.e. (2) giving

r-oi ________ At(/Q d- l\2 P  Ay) [A ]
t'2(/■' +  Ay +  Ay) +  Ay (k-> -f- At )

This reduces to

[HI = At
+  Ay [A]

when At < <  At -f- Ay, i.e., the intermediate is un­
stable or when Ay < <  Ay, i.e., the rate of product 
formation is so slow that an equilibrium does exist 
between the reactant and intermediate. Either 
condition is sufficient for the approximation to hold 
for the calculation of [A] and [B]. Furthermore, 
we are pleasantly surprised to find that due to the 
symmetry of the exact solution for [C ] with regard
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to interchange of A4 and fc3 the approximation breaks 
down for [C] only as fci and fc3 approach each other 
and fc2 becomes less than Aq or A;3.

The limits may be found more rigorously by a 
comparison with an exact solution. The exact 
solution1'2 of

k2
has the form
[A], [B] or [C] =  Ci +  C2 exp [ — X2ij- +  C3 exp { — \3t]

The coefficients C\, C-, and C% are constants which 
are functions of the rate constants and are different 
for [A], [B] and [C]. The values of X2 and X3 are 
also functions of the rate constants, but are the 
same for [A], [B] and [C]. The exponential term 
which controls the equation at large values of t is 
given by

X3 =  1/2  { At  +  At  +  fc3 —  x / ( At  -f- fc2 T  At )2 IArfc:< j 

A binomial expansion of the expression for X3 gives
= fci k 3______ ( k i h Y  

ki +  fc2 +  k3 (ki  +  +  At )3
2(kik3y  5(AiA3)4 - .

( At  +  k3 +  k3y  (k\ +  A» +  At )7
The first, term of this series is seen to be identical 
with our approximation for the over-all rate con­
stant. The necessary condition for the first term 
to adequately represent the series is that 4Aqfc3/  
(fci +  fc2 +  A’3) 2 be small compared to one. This 
condition is fulfilled under any of the following 
circumstances

(a) k2 k>> k3
(b) k 2 /§> k\

( c )  k 3 3 > A j
(d) ki /§> k3

The Integrated Form of the Approximation.—
Equation 12 may be integrated to give

[A] = Const, exp. j -  t\

Since the approximation holds only after a tran­
sient. equilibrium has been established, the boundary 
condition of [A] =  A 0 at t  =  0 is not useful. 
Instead an extrapolated boundary at t =  0 of 
[B] =  [Aq/(fc2 +  A'3)] [A] and [A] +  [B] =  A° 
has been used here and gives

k i_______ j , 0 \ _  k i k 3______
A'i -(- A’ 2 —  At  i  7 ) At  +  At  +  k3[A] =  1 -

and 
[B] =

At

At  . 0 ( h k 3
AkY+k3A e x p ' j  “  ki +  At  +  h

and by difference 

[C] =  A 0 j l exp. ( - kik3

(13)

( 1 4 )

( 1 5 )
At  A At  -}- A,-.

The integrated form4 of the equilibrium approxi­
mation (7) may be taken as

[Cl =  ,4“ j l  -  exp. ( - ( 1 6 )

and of the rigorous equilibrium treatment (8) as

[Cl = -1° |1 - « P - ( - f c T T , i) i  <17>
(4) It may be noted that [C] is not particularly affected by the 

boundary conditions used as long as [C] =  0 at t =  0.

and of the steady state approximation (9) as

[Cl -  A - ) l  — = p . ( -  ( « )

Comparison of the Results of the Approxima­
tions with the Exact Solution.—Figure 1 shows the

Time.
Fig. 1.— Variation of concentrations with time for a first- 

order consecutive reaction with fci =  2, fc2 =  1, A3 =  1 
(see eq. 1). Solid line denotes [C], dotted line denotes 
[B], and the dot-dashed line denotes [A]. Concentrations 
are expressed as fractions of A 0. The induction period is 
1.25 time units.

variation of the concentrations of A, B and C with 
time calculated from the exact solution1'2'5 for the 
values ki =  2, An =  1 and k3 =  l .a It may be 
noted that a period of time is required before [B] 
assumes a constant relation with respect to [A], 
Until [B] has attained a constant relationship to
[A] , none of the approximations, (15), (16), (17) 
and (18) may be expected to hold. This period of 
time has been termed the induction period. We 
have taken the point of inflection in the curve of
[B] versus t as a criterion for the length of the 
induction period, i.e.

X2 X3 A3

Figure 2 shows the variation of [C] versus t calcu­
lated for At =  1, fc2 =  100, fc3 = 1 by the approxi­
mations and the exact solution. It is expected here 
that all approximations will be about equally 
satisfactory since both Aq and fc3 are small com­
pared to h,.

Figure 3a shows [C] versus t for Aq = 1, fc2 =  100 
and fc3 = 100. Here it is expected that the equilib­
rium treatments will be unsatisfactory since fc3 
may not be ignored. The steady-state treatment 
will be about as satisfactory as the improved steady 
state treatment since fci is small compared to fc2 +  
fc3.

Figure 3b shows [C] versus t for fcx =  100, An = 
100 and fc3 = 1 .  In this case neither the non-rigor­
ous equilibrium nor the steady-state treatment are 
expected to be satisfactory since fci is not small 
compared to An +  fc3. The rigorous equilibrium

(5) The values of A may be evaluated readily by means of a table 
prepared by S. W. Benson, J. Chem. Phys., 20, 1605 (1952). He has 
tabulated ziand zi which are the roots of z1 — (1 +  K\ +  Kz)z -f  K1K3 
where K\ =  &1/&2 and Kz — kz/kz. From these X2 = kzzi and \z = 
k2Z2.

(6) The numerical values of the rate constants in the examples 
given were arbitrarily selected fcr ease of calculation and only the 
relative magnitudes are important.
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Time.
Fig. 2.— Variation of [C] with time for hi =  1, fo =  100, 

fcs =  1 (see eq. 1) comparing the approximations with the 
exact solution. The solid line denotes the exact solution 
and (within the limits of the graph) the improved steady- 
state approximation, eq. 15. The x’s denote points calcu­
lated by the equilibrium approximation, eq. 16, and the 
circles denote points calculated by the rigorous equilibrium 
approximation, eq. 17, and by the steady-state approxima­
tion, eq. 18. The induction period is 0.18 time unit.

Time.
Fig. 3a.— Variation of [C] with time for ki =  1, k2 =  

100, k3 =  100 (see eq. 1) comparing the approximations 
with the exact solution. The solid line denotes (within 
the limits of the graph) the exact solution, the improved 
steady-state approximation, and the steady-state approxi­
mation. The Irroken line denotes the equilibrium ap­
proximations, eq. 16 and 17. The induction period is 0.06 
time unit.

3b. Variation of [C] with time for fc, =  100, k2 =  
100, k3 =  1 (see eq. 1) comparing the approximations with 
the exact solution. Within the limits of the graph the 
solid line denotes the exact solution, the improved steady- 
state approximation, and the rigorous equilibrium approxi­
mation. The broken line denotes the equilibrium approxi­
mation and the steady-state approximation. The induc­
tion period is 0.06 time unit.

treatment will be about as satisfactory as the im­
proved steady-state treatment since fc3 is small com­
pared to fci +  /c2.

In the three examples which were given (Figs. 2 
and 3) it was found that the improved steady-state 
approximation was the only approximation which 
was satisfactory in all cases. Furthermore, this 
approximation exceeded the accuracy of the next 
best approximation although this difference was 
too small to represent graphically. This difference 
is greatly magnified in the cases where the im­
proved steady-state approximation itself begins to 
deviate noticeably from the exact solution. Figure 
4 shows [C] versus t for fcj =  1, fc2 =  1 and k$ =  1. 
After the induction period, which covers 40% of

Time.
Fig. 4.— Variation of [C] with time for Ay =  1, k2 =  1, 

k3 — 1 (see eq. 1) comparing the approximations with the 
exact solution. The solid line denotes the exact solution, 
the short dashes denote the improved steady-state ap­
proximation, the dot-dashed line denotes both the rigorous 
equilibrium approximation and the steady-state approxi­
mation, and the long dashes denote the equilibrium ap­
proximation. The induction period is 1.74 time units.

the reaction, the improved steady-state treatment 
gives results within 10% of the exact solution 
whereas the rigorous equilibrium treatment and 
the steady-state treatment have a maximum 
error of 40%. For example, at t =  4 time units 
the value of [C] in terms of A ° is 0.747 by the exact 
solution, 0.735 by the improved steady-state ap­
proximation, 0.87 by the rigorous equilibrium and 
steady-state approximations, and 0.98 by the equilib­
rium approximation.

Finally, the case where fc2 =  0 and /ci and fc3 
become equal may be considered. This is the case 
where the improved steady-state treatment is ex­
pected to behave most poorly. Figure 5 illustrates

Time.
Fig. 5.— Variation of [C] with time for h  =  1, k2 =  0, 

À'3 =  1 (see eq. 1) comparing the approximations with the 
exact solution. The solid line denotes the exact solution, 
the short dashes denote the improved steady-state approxi­
mation, the dot-dashed line denotes both the rigorous 
equilibrium approximation and the steady-state approxima­
tion, and the long dashes denote the equilibrium approxima­
tion. The induction period is 2.00 time units.

this case. Here the induction period takes up 61% 
of the reaction. Yet after the induction period is 
over the improved steady-state treatment gives 
values for [C] within 5% of the values calculated 
by an exact treatment. The rigorous equilibrium 
treatment and the steady-state treatment again 
have maximum errors of about 40%. For example 
at t =  3 time units the value of [C ] in terms of A ° 
is 0.80 by the exact solution, 0.78 by the improved 
steady-state approximation, 0.95 by the rigorous
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equilibrium and steady-state approximations, and
1.00 by the equilibrium approximation.

Approximations for the Kinetics of Higher Order 
Reactions.—The degree of success of equation 15 
in approximating the exact solution prompts us to 
look at higher order reactions where an exact 
solution has not yet been found and one must re­
sort to an approximation. For the general case

ki
n k  B — >  C

both the non-rigorous equilibrium and steady-state 
treatments yield the same form of the rate con­

stant as in the previous case whereas our ap­
proximation yields7

dA _  rafcifelA]" 
df nVc i [ A ]’* “ 1 +  ki +  k3

We are currently investigating these higher order 
reactions as well as studying the implications of 
these results on the calculation of equilibrium 
constants from the forward and reverse rate con­
stants of complex reactions.

N ote  A dded  in  P r o o f .— Equation 15 may be de­
rived in a somewhat different manner than has been used 
here; see K. J. Laidler, C an. J. C hem ., 33, 1014 (1955).

(7) The rate constants refer to production or disappearance of B.
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The rate constants of the reaction between ferrous iron and cumene hydroperoxide have been found to be 3.53 X  10s 
exp ( —9970/RT) and 9.25 X 10s exp ( —10840/RT) liter mole-1 sec.-1 in H20  and D 20  media, respectively. The main 
products of the reaction are ferric iron, acetophenone and ethane. A reaction mechanism is postulated and discussed. The 
possible nature of the rate-determining reaction stop is also briefly discussed.

The ability of hydroperoxides to furnish free 
radicals upon reduction with a suitable reducing 
agent has led to their widespread use as initiating 
agents for polymerization.3 It has been observed 
that different hydroperoxides yield widely different 
rates of polymerization in emulsion polymerization 
systems. Differences in the rates of polymerization 
with different hydroperoxides may result from dif­
ferences in the rates of reaction of the hydroperox­
ides with a given reductant, from differences in the 
reactivity of the free radicals produced in the re­
duction of the hydroperoxides, and from differences 
in the distribution of hydroperoxide between the 
aqueous and organic layers. Since an iron(II) 
species frequently is used as the reducing agent for 
the hydroperoxide a study of the kinetics of the re­
actions between various hydroperoxides and various 
iron(II) species will provide information whether 
this factor is responsible lor the different behavior 
of the hydroperoxides as initiating agents. Kolthoff 
and Medalia,4 Fordham and Williams,6 Orr and 
Williams6 and Kolthoff and Reynolds7 have re­
ported results of kinetic studies on rates of reaction 
between aquo ferrous ircn and various hydroper-

(1) This work was carried out under the sponsorship of the Federal 
Facilities Corporation, Office of Synthetic Rubber, in connection with 
the Synthetic Rubber Program of the United States Government.

(2) Abstracted from the thesis of W. L. Reynolds presented to the 
Graduate School of the University of Minnesota in partial fulfillment 
of the requirements for the Ph.D. degree, 1955.

(3) I. M. Kolthoff, E. J. Meehan, F. Bovey and A. I. Medalia, 
“ High Polymers,”  Vol. IX, Interscience Publishers, Inc., New York, 
N. Y.

(4) I. M. Kolthoff and A. I. Medalia, J. Am. Chem. Soc., 71, 3789 
(1949).

(5) J. W. L. Fordham and H. L. Williams, ibid., 73, 1634 (1951).
(6) R. J .  Orr and H. L. Williams, T h i s  J o u r n a l , 57, 925 (1953).
(7) I. M. Kolthoff and W. L. Reynolds, Disc. Faraday Soc., No. 

17, 167 (1954).

oxides. Wise and Twigg8 have investigated the 
stoichiometry of the reaction between aquo fer­
rous iron and cumene hydroperoxide (CHP) and 
determined some of the products formed. In this 
report the results of a more thorough study of the 
kinetics and mechanism of the latter system are 
presented. The reaction was also studied in D20  
since it was hoped that the results might provide 
information about the mechanism of the rate-deter­
mining step of the reaction.

Experimental
Determination of Rate Constants.— The method by which 

the reaction between aquo ferrous iron and CHP was 
followed and by which the rate constant was determined 
already has been described.7 When the rate of reaction 
in DaO was determined, rate measurements were made 
alternatively in D 20  and H»0 media to eliminate the possi­
bility that the D 20  results were affected by incorrect func­
tioning of the rotated platinum wire electrode. The elec­
trolysis cell employed for D 2G media had a capacity of 10 
ml. but otherwise was similar in construction to the cell used 
for H20  media. The D 20  was obtained from Norsk Hydro- 
electrisk Kvaelstofaktieselskab and was used both without 
further treatment and after distillation from alkaline per­
manganate and dilute sulfuric acid, similar results being 
obtained with both samples.

Determination of Stoichiometry.—Reaction ratios were 
determined by polarographic methods. When excess CHP 
was used a dropping mercury electrode (D M E ) was em­
ployed. Known quantities of air-free ferrous iron were 
injected into an electrolysis cell containing a known quantity 
of CHP in air-free reaction medium. The sum of the CHP 
and ferric iron diffuaion currents was measured at — 0.8 v. 
vs. saturated calomel electrode (SCE) after completion of 
the reaction. It was established that in a mixture of ferric 
iron and CHP the sum of the diffusion currents of both 
species was equal to the predicted value. This indicates 
that under the experimental conditions a kinetic current 
caused by reaction between ferrous iron produced at the 
surface of the electrode and CHP is negligible. The f,i/C

(8) W. S. Wise and G. H. Twigg, J. Chem. Soc., 2172 (1953).
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values for CHP and ferric iron were determined separately 
in each medium in which the reaction ratio was determined 
and thus the residual CHP concentration could be cal­
culated. Acetophenone is one of the reaction products 
between ferrous iron and CHP and gives a well defined 
polarographic wave in alkaline medium. Sufficient air- 
free sodium hydroxide was added to the reaction mixture to 
give a hydroxide concentration of 0.1 M . The sum of the 
CHP and acetophenone (AP) diffusion currents was meas­
ured at —1.8 v. vs. SCE. The CHP diffusion current at 
— 1.8 v . vs. SCE was calculated from its value at —0.8 
v. i>s. SCE and the known drop times of the electrode at the 
two potentials. The u/c value of AP was determined 
separately in each reaction medium. The concentration of 
AP formed by reaction could thus be determined. The 
reliability ot the method was checked by polarographic 
analysis of mixtures of ferric iron, CHP and acetophenone of 
known composition.

When ferrous iron was used in excess over CHP a rotated 
platinum wire electrode was employed to measure the 
concentration of ferrous iron before and after the reaction. 
The AP formed was determined with a D M E after making 
the reaction medium alkaline as described above.

Determination of Methyl Alcohol.— Methanol was deter­
mined by a modification of the method recommended by 
Jacobs9 and by Feigl.10 One milliliter of solution to be 
tested was placed in a test-tube. One drop of 3.2 M  phos­
phoric acid and one drop of 5%  potassium permanganate was 
added. The oxidation of methanol was allowed to proceed 
for 1 to 5 minutes at room temperature; the time of oxida­
tion was not critical. The solution was decolorized with 
5%  sodium bisulfite and 5 ml. of a chromotropic acid solution 
consisting of 1.5 g. of chromotropic acid in 200 ml. of 75% 
sulfuric acid was added. The resulting solution was heated 
for 10 minutes at 100° in a water-bath, cooled and diluted to 
volume with 75% sulfuric acid in a 10-ml. volumetric flask. 
The absorbance was measured at 570 m/r against a reagent 
blank. Since AP and alcohols of molecular weight higher 
than n-propyl alcohol interfere in this test,11 the methanol 
content of a reaction solution was determined in the following 
manner. One hundred milliliters of reaction mixture was 
prepared; the initial ferrous and CHP concentrations were 
each 0.005 M . This solution was divided into four equal 
parts and methanol was added to give a concentration of 0, 
1, 2 and_3 m ¥ , respectively. Each part was extracted four 
times with 10-ml. portions of benzene; the methanol ex­
tracted was negligible. The aqueous solution was made 
alkaline to remove iron which interferes in the test and 
filtered. The chromotropic acid test described above 
was applied to each filtrate. From a plot of absorbance vs. 
added methanol concentration and from the known dilutions 
the methanol concentration of the reaction mixture could be 
calculated. The precision of the method with a given 
reaction mixture was of the order of ± 2 % .  A plot of 
absorbance vs. methanol concentration in a series of blank 
experiments gave a straight line relationship up to approxi­
mately 10 mM methanol. Acrylonitrile interferes with the 
test.

Determination of Gas Evolved.— High concentrations of 
reactants were used to secure gas evolution. The reaction 
medium was flushed with helium instead of nitrogen since 
nitrogen interferes with the mass spectrometric analysis of 
the gas evolved. The evolved gas was collected over the 
reaction mixture and its volume determined. Since the 
main gaseous component was ethane, the small amount of 
water vapor present did not interfere with the analysis.

Results
Kinetics.—The reaction was found to be first 

order with respect to both aquo-ferrous iron and 
CHP in H20 , in D20 ,12 and in the presence and 
absence of acrylonitrile (AcN) at the pH values

(9) M. B. Jacobs, "The Analytical Chemistry of Industrial Poisons, 
Hazards, and Solvents,”  Interscience Publishers, Inc., New York, 
N. Y., 2nd ed., p. 616.

(10) F. Feigl, "Spot Tests,”  Elsevier Publishing Co., New York, 
N. Y., 4th ed., Vol. II, p. 245.

(11) C. E. Bricker and H. R. Johnson, Ind. Eng. Chem. (Anal. Ed.), 
17, 400 (1945).

(12) The authors wish to thank Professor R. W. Lumry of this 
University for furnishing the D2O for this work and for discussions 
pertaining to the significance of results obtained in this medium.

investigated. Values of the second-order rate con­
stant, fc, obtained at various temperatures in 0.1 N  
sulfuric acid in the presence and absence of AcN 
are given in Table I.

Table t
Pe++-GHP R a t e  M e a s u r e m e n t s  I n  0.05 M  H2S04 I n

(,
(CHP).
x io4,

H20
(Fe + +)» 
X 104, (AcN),

k, t. 
mole “ 1

°c. M M M sec. _1

25.0 19.9 1.99 0.10 15.7°
9.95 1.25 .10 16.2“
9.95 2.48 .10 16.5°

20.0 2.00 15.7*
20.0 2.00 .10 16.24
10.5 2.12 .10 17 .14
4.58 2.16 .10 18 0°

19.2 1.00 .10 16.9°
24.3 1.00 .10 16.8'
24.3 1.00 .10 16.1°
24.3 1.00 .10 16.3°
22.5 1.00 .10 16.4°
20.0 1.00 14 .V

13.9 22.5 1.00 .10 7.73°
22.5 1.00 .10 8.37°

12.9 22.5 1.00 .10 7.96'
5 .4 22.5 1.00 .10 4.99 '
0 .0 10.0 1.00 .10 3.43°

10.0 1.00 .10 3.52°
10.0 1.00 .10 3.51“

« CHP of 85.9% purity. b Sodium salt of CHP of 61.8%
purity. 0 CHP of 88.67 ±  0.01% purity. These results 
were obtained in the 5 ml. electrolysis cell employed for the 
reactions in D 20 . d 0.025 M  F e+++ added initially.

Table I also shows that the initial presence of a large 
excess of aquo ferric ion decreases the value of k 
slightly. The rate constant k was found independ­
ent of pH from pH 0 to pH 3 in the presence of AcN 
whereas in the absence of AcN the rate constant 
decreased somewhat with increasing pH in this 
range as shown in Table II.

T a b l e  II
E f f e c t  o f  pH i n  t h e  P r e s e n c e  a n d  A b s e n c e  o f  A cN ,  

25.0 ±  0.1°

pH

(CHP)o 
X  104, 

M

(Fe + +)o 
X  104, 

M
(AcN ),

M

k, 1. mole 1 
sec.-1

0 20.0 1.00 0.1 17.6
6.06 22.0 36.0
6.06 15.8 18.1

1.2 0.1 16.2“
20.0 2.00 15.74

2.1 20.0 1.00 0.1 16.6
20.0 1.00 14.4

3.0 20.0 1.00 0.1 15.3
20.0 1.00 12.8

“ Average of the values for k in the presence of 0.1 M  
AcN from Table I. 6 This value is from Table I.

From Table III it is seen that k is independent 
of ionic strength, p, over the range 0.01 <  n <
1.07 in the presence of AcN. Sodium perchlorate 
was used to adjust p where necessary. Values of 
k obtained at various temperatures in 0.05 M  sul­
furic acid in D20  in the presence of AcN are given 
in Table IV.
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T a b l e  III
E f f e c t  o f  V a r i a t i o n  o f  I o n i c  S t r e n g t h  

O.L M  AcN; 2 5 .0  ±  0 .1 °

pH ß

(CEP), 
X HD, 

M
(Fe + +)o 
X 10», 

M

k,  1.
mole 1 
sec._1

1 .2 0 .0 6 7 1 6 .2 “
0 .2 3 1 9 .0 2 .0 16 .1
1 .0 7 2 0 .0 1 .0 1 8 .5

2 .1 0 .0 1 2 0 .0 1 .0 16. ö8
“ Average value of all rate constants in Table I with the 

exception of the one obtained in the initial presence of ferric 
iron. h Increasing the pH from 1.2 to 2.1 keeping n con­
stant did not affect the rate constant.

T a b l e  IV
F e++-C H P  R a t e  M e a s u r e m e n t s  i n  0.05 M  H2S04 i n

D 20 ,  ( A cN ) =  0.1  M
(CHP)« (Fe + +)o k,  1.

t, X 10», X 10», mole _1
° c . U M sec.

2 5 . 0 2 1 . 8 1 . 0 0 1 0 . r
2 1 . 8 1 . 0 0 1 1 . 7 “
2 1 . 8 1 . 0 0 10. T
2 3 . 3 1 . 0 0 10.4*

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

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

“ These measurements were made in the D 20  as received. 
0 These measurements were made after distillation from 
alkaline permanganate and then from dilute sulfuric acid.

As functions of temperature the rate constants for 
H20  and D20  may be written k =  3.53 X 108 exp 
( — 9970/RT) 1. mole“ 1 sec.-1 and k =  9.25 X 10s 
exp ( — 10,840/72T) 1. mole-1 sec.-1, respectively. 
The frequency factors and activation energies 
were evaluated by a least squares calculation. The 
standard deviations in the activation energies in 
H20  and D20  were 120 and 380 cal./mole, respec­
tively.

Stoichiometry.— In Table V are presented the 
values of the reaction ratio, R, determined in 0.1 A" 
sulfuric acid in the presence and absence of AcN. 
R is defined as the number of moles of ferrous iron 
oxidized per mole of CHP reduced. In the pres­
ence of AcN, R =  1.00 ±  0.03 and in the absence of 
AcN, R =  0.95 ±  0.01 omitting the values of very 
high initial ferrous concentration. Values of R de­
termined at various pH values in the presence and 
absence of AcN are presented in Table VI. It is 
seen that in the absence of AcN R tends to increase 
with decreasing pH. Also included in Tables V 
and VI are the results of the polarographic deter­
minations of the concentration of acetophenone 
(AP) formed in the reaction. It will be noted that 
the CIIP which was reduced was converted to AP 
in high yield.

With the initial concentrations (Fe++)0 =
(CHP)o = 0.005 M, the methanol concentration 
was found to be 18, 4.5 and 10% of the initial 
amount of CHP at pH 0, 1.2 and 3.0, respectively; 
no monomer was used in these experiments because 
it interferes with the methanol determination. 
When H3PO4'—I-RPOi-  buffer of pH 4 was used the 
ferric iron precipitated as it was formed and no 
methanol was found. When 0.1 M  ferric iron and

T a b l e  V

R e a c t io n  R a t io  in  t h e  A b s e n c e  o f  O x y g e n  a n d  in  t h e

P r e s e n c e  a n d  A b s e n c e  o f  AcN 
0.1 N  H2S04; pH 1.2; 25.0 ±  0.1°

(CHP)o 
X  IO»»,

(Fe + +)o 
X 103, (AcN), (Fe + +)o (AP)« 

X 10»,
R  = 

A(Fe + +)
mole/1. m ole/1. mole/1. (CHP)o mole/1. A(CHP)
2 . 0 0 0 . 3 9 5 0 . 1 0 . 2 0 0 .4 1 0 . 9 3
1 .5 0 . 395 0 . 1 .2 7 . 45 0 . 9 7
1 .0 5 .3 9 2 0 . 1 .3 7 . 35 1 .0 8
2 . 0 0 1 . 5 0 0 . 1 .7 5 1 0 8 1 00
2 . 0 0 0 . 7 9 0 1 . 0 . 4 0 0 . 7 6 1 .0 7
1 .1 6 .780 1 . 0 .6 7 .7 0 I . 10
2 . 0 0 .395 1 0 . 2 0 .4 0 0 . 9 2
1 . 5 0 .3 9 5 1 . 0 .2 7 .4 4 . 95
3 . 7 2 .3 7 2 .1 0 .4 0 .9 4
2 . 0 0 .5 0 .2 5 . 59 . 95
2 . 0 0 1 . 0 0 .5 0 1 . 1 4 .9 4
2 . 0 0 1 .5 0 .7 5 1 . 5 8 .9 9
1 . 0 0 0 . 9 0 .9 0 1 .0 9 .9 2
0 . 5 0 1 .0 0 2 . 0 0 0 . 4 6 1 .0 0
0 . 2 5 1 .0 0 4 . 0 0 0 . 1 9 0 . 9 2

5 0 . 0 0 5 0 . 0 1 . 0 0 3 5 .1 0 . 9 5
1 .1 6 1000 8 60 0 . 4 0 1 . 1 7
o m e 1 1000 16700 1 . 0 9
0 . 0 6 6 1000 16700 0 . 4 0 1 . 1 0
« (AP) designates the concentration of acetophenone 

formed. 6 0 .1 0  ml. increments of 0 .0 3 0  M  CHP added 
every minute to 5 0 .0  ml. of 1 M  FeS04 until 2 .0 0  ml. of 
CHP had been added in all.

the above concentrations of ferrous iron and CHP 
were used at pH 1.2 the methanol formed corre­
sponded to 8% of the amount of CHP consumed. 
Increasing the initial concentrations of ferrous iron 
and CHP to 0.05 M  in the absence of AcN at pH 
] .2 resulted in the formation of 10% methanol based 
on the amount of CHP consumed.

The initial concentration of (Fe + +)o was 0.0300 
M, of (CHP)o 0.0228 M, and the volume of reaction 
mixture was 120 ml. when the amount of gas 
evolved was measured. The reaction ratio was 
found to be 0.98. Determination of acetophenone 
and methanol showed that CHP was 83% con­
verted to acetophenone and 10% to methanol. 
Analysis of the gas with a mass spectrometer 
showed that the gas evolved was composed of ap­
proximately 90% ethane and 10% methane; the 
gas contained no oxygen and no carbon dioxide.

The observed volume of gas evolved was 21.5 
ml. corrected for the solubilities of methane and 
ethane in the reaction solution. A material balance 
calculation may be made as follows: 2.75 millimole 
of CHP was reduced by Fe++, 2.28 millimole of 
acetophenone was produced and 2.28 millimole of 
CH3- free radical was formed assuming that the 
amount of CH3- free radical produced was equal to 
acetophenone formed. The molal volume of a gas 
at the temperature and atmospheric pressure of the 
laboratory assuming ideal gas behavior is 24.4 
liter. Since 21.5 ml. of gas was formed the number 
of millimole of gas formed was 0.88, of which 0.09 
mmole was methane and 0.79 mmole was ethane. 
Since 10% methanol (based on the amount of CHP 
reduced) was formed the total CH3- free radical 
found was (0.09 +  1.58 +  0.28) or 1.95 mmoles as 
compared to 2.28 mmoles assumed to be formed if 
CH3- formed is equal to acetophenone found.



972 W. L. R eynolds and I. M. K oltiioff Vol. 60

T a b l e  VI
R e a c t i o n  R a t i o  a t  V a b i o u s  pH V a l d e s  i n  t h e  P r e s e n c e  

a n d  A b s e n c e  o p  A cN ;  25.0 ± 0 .1 °

pH

(CHP)o 
X 10>, 

mole/I.
(Fe + +)o 
X 10“, 
mole/1.

(AcN ),
mole/1.

(AP)a 
X 103. 
mole/1.

R = 
A(Fe + +) 
A(CHP)

oft 2.00 1.50 1.32 1.06
0.61 2.18 0.55 1.00
2.00 1.50 0.1 1.46 1.05
5.00 5.00 1.09

1.2“ 0.1 1.00“
0.95d

3 .0 ' 2.00 1.50 1.50 0 . 8 8

0.50 1.00 0.48 0.90
5.00 5.00 4.09 0.85
2.00 1.50 0.1 1.53 1.05

“ (AP) designates the concentration of acetophenone 
formed. ‘  1 M  H2S04, M =  1.02. c 0.05 M  H2S04. d These 
values are the average of the values of R in Table V for 
0.1 M  AcN and for the absence of AcN (excluding the 
measurements at high initial F e++ concentration). e H S04_ 
— S04~ buffer of p. =  1.03.

This difference is greater than can be accounted 
for by experimental error and may be partly due to 
side reactions discussed below.

Discussion
In view of the facts that the reaction ratio was 

about 1 ±  0.1 over a wide range of experimental 
conditions, that acetophenone was produced in 
about 80-100% yield from reacted CHP both in 
presence and absence of AcN, that ethane was pro­
duced in the absence of AcN in about 85-90% yield 
as compared to the amount of acetophenone formed, 
and that the rate constant was only slightly affected 
by presence or absence of AcN, it is proposed that 
the main reactions involved are

ki
F e++ +  ROOH -— >  Fe + + + +  110- +  O H " (1)

RO------ s- C«H,(CO)CH, +  CH3- (2)
2CH3------ >- C2H6 (3)

This mechanism is very different from that postu­
lated by Wise and Twigg.8 Firstly, their mecha­
nism predicts that reacted CHP will produce 46% 
acetophenone, 46% methanol and 54% 2-phenyl-2- 
propanol over the concentration range where they 
found the reaction ratio to be 1.08. In our investi­
gation, under similar reaction conditions, a much 
higher yield of acetophenone and a much lower yield 
of methanol was found. Secondly, their mecha­
nism predicts the rate of ferrous iron disappearance 
to be 2fci(Fe++)(ROOH) in the absence of acrylo­
nitrile and /ci(Fe++) (ROOH) in the presence of 
acrylonitrile considering that Baxendale, Evans 
and Park13 have shown that OH- free radical does 
not react Avith Fe++ or ROOH in the presence of 
0.1 M  AcN. Actually we found that the rate of 
ferrous iron disappearance in 0.1 N  sulfuric acid 
(the medium used by Wise and TAvigg) Avas unaf­
fected by the presence or absence of AcN (see Table 
I). Thirdly, their mechanism does not provide for 
gas formation.

Although the proposed mechanism is considered 
as the major one it is necessary to consider the oc­
currence of some side reactions to account for all the

(13) J. H. Baxendale, M . G . Evans and G. S. Park, Trans. Faraday 
Soc., 42, 155 (1946).

analytical results reported in the previous sections. 
In the first place reaction (4)
Fe(III) +  CH3- +  H20  — ^

Fe++ +  CH3OE +  H+ (4)
may contribute to some extent to methanol forma­
tion. The evidence in support of reaction (4) is as 
follows. When ferric iron is added initially to the 
reaction mixture at pH 1.2 the observed rate con­
stant for the disappearance of ferrous iron is de­
creased (Table I). At pH 1.2 the reaction ratio is 
equal to 0.95 and 4.5% of methanol, based on the 
amount of CHP consumed, Avas formed. Since 
equal amounts of Fe++ and methanol are formed by 
reaction (4) the reaction ratio Avould be decreased 
by 5% as observed. At pH 3.0 the reaction ratio 
was equal to 0.88, 10% methanol was formed and 
the observed rate constant for the disappearance of 
ferrous iron was decreased (in the absence of 
AcN). The increase in methanol content at pH 3, 
as compared to that at pH 1.2, is probably due to 
FeOH++ being more effcctiA-e in producing metha­
nol than Fe+3. At pH 3 ferric iron is chiefly pres­
ent as FeOH++ Avhereas at pH 1.2 Fe+3 is the pre­
dominant form.14 Furthermore no methanol Avas 
formed Avhen the reaction Avas conducted at pH 4 
Avhere ferric iron (but not ferrous) was precipi­
tated. However, reaction (4) does not account for 
the increase in methanol content at pH 0 as com­
pared to pH 1.2. It would appear that a second, 
pH dependent reaction could lead to methanol 
formation. If this reaction was dependent upon 
the first power of the hydrogen ion concentration 
its rate at pH 1.2 would be only 0.06 of that at pH 0 
and hence would contribute to a minor extent at 
pH 1.2. Reaction (5)

CHr  +  ROOH — >- CH3OH +  RO- (5)
proposed by Wise and TAvigg,8 is not considered 
likely as it leads to a chain decomposition of CHP. 
The constancy of the reaction ratio under a Avide 
range of experimental conditions indicates that such 
a mechanism for chain decomposition of CHP need 
not be considered. Also reaction (5) does not ac­
count for the pH dependence observed for methanol 
formation.

At the Ioav concentration level of reactants where 
CHP Avas virtually quantitatively converted to acet­
ophenone (see Table V) the reaction

F e++ +  RO- +  H+ — >- F e+3 +  ROH
is not important since this reaction would reduce 
the yield of acetophenone. Furthermore Avhen 
ferrous iron Avas present in great excess (Table V) 
the reaction ratio was but little greater than unity. 
In this respect our results differ from those of Wise 
and Twigg8 Avho found that as the initial concentra­
tion of ferrous iron was increased the reaction ratio 
approached the value of two. At these high con­
centration leA'els of ferrous iron the figures given 
for the initial concentration ratio have no exact 
significance since the reaction occurs in the locality 
where one reagent is added to the other before 
complete mixing can occur.

The formation of methane at the high concentra­
tion level used in the gas evolution experiments

(14) R. M. Milburn and W. C. Vosburgli, J. Am. Chem. Soc., 77,
1352 (1955).
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may be the result of reaction with ferrous iron 
Fe++ +  CHS- +  H+ — >  F e+++ +  CH4 (6) 

or of H-atom extraction from CHP or acetophenone.
CH3- +  R H -----R- +  CH„ (7)

If CHP is involved in reaction (7) it is believed that 
a C-H bond rather than an O-H bond would be 
broken since the bond energy of the former is con­
siderably lower than the bond energy of the latter. 
Since the reaction ratio in the gas evolution experi­
ment was 0.98, reaction (6) does not appear too 
likely because the ferric iron production would 
have to be exactly counterbalanced by a reaction 
consuming CHP or a side reaction which produces 
ferrous iron, like reaction (4). It should be noted 
in the experiment under discussion CHP was 83% 
converted to acetophenone and that a discrepancy 
of 15% was found in the values of the amount of 
CH3- formed in the acetophenone formation reac­
tion and the amount of CH3- found in the form of 
methanol, methane and ethane. (See section on gas 
evolution in section Results.) If reaction (8) were 
assumed

RO- +  -CH, — ^  ROCH3 (an ether) (8)
the observed figures could be accounted for quanti­
tatively.

The effect of AcN upon ethane formation was not 
studied but in the reactions of ferrous Versenate 
and ferrous pyrophosphate (to be reported in a sub­
sequent paper) with CHP, where acetophenone 
and ethane are also produced in high yield in ab­
sence of AcN, the presence of AcN decreased the 
amount of ethane formed but not the amount of 
acetophenone. This observation raises the question 
of whether CH3- or RO- is responsible for the bulk 
of the initiation reaction. Experiments with CHP 
containing labeled methyl groups could be used to 
answer this question.

At this point a short discussion of the nature of 
the rate-determining step, equation 1, is relevant. 
The data of Cahill and Taube15 on the measure­
ment of O18 fractionation factors show definitely 
that the 0 - 0  bond of hydrogen peroxide is partly 
broken in the transition state for the reduction of 
hydrogen peroxide by ferrous iron. The data of 
Orr and Williams6 on reactions between ferrous 
iron and substituted cumene hydroperoxides show 
that the 0 - 0  bond of hydroperoxides is partially 
broken in the transition state of the reactions typi­
fied by equation 1. For example, the activation 
enthalpies are 13.1, 12.0, 10.18 and 9.9 kcal./mole 
and the activation entropies are —10.8, —14.9, 
— 16.5 and —18.3 cal./mole degree for the reaction 
of ferrous iron with p-nitrocumene, cumene, p-iso- 
propylcumene and p-f-butylcumene hydroperox­
ides, respectively.6 If the RO- free radical is 
formed in the rate determining step with ferrous 
iron by the breaking of the 0 - 0  bond then the ac­
tivation energies of these reactions should decrease 
in the order given above because the bond dissocia­
tion energies, D (RO-OH), of the RO-OH bonds 
decrease in this order. This may be seen as fol­
lows. The resonance structures can be written for 
the RO- free radicals. Depending on the nature of

(15) A. E. Cahill and H. Taube, J. Am. Chem.. Soc., 74, 2312
(1952).

=0<->
(«+-)  
II

•c h 3

the R ' groups other resonance structures can be 
written giving greater or less stabilization to the 
ketone than exists for acetophenone, the product 
formed from the cumyl free radical (R ' =  H). 
Any change in R ' so as to increase the resonance 
energy of form II will decrease the bond dissocia­
tion energy, D(RO-OH). In the p-nitrocumyl free 
radical the resonance effects of the nitro group and 
the carbonyl group are in opposite directions and 
this radical will be less stabilized by resonance than 
the cumyl free radical. Similar considerations for 
the p-isopropylcumyl and p-f-butylcumyl free 
radicals show that D(RO-OH), and hence the ac­
tivation energies, should decrease in the order p- 
nitrocumene, cumene, p-isopropylcumene and p- 
f-butylcumene hydroperoxide as observed.6 The 
entropy of activation should decrease in the same 
order because as the amount of resonance in form II 
increases the rotational entropies of the R ' and 

0  
IICH:J— C-CII3 groups decrease as a result of the in­

creased rigidity of form II. Hence it is concluded 
that the transition state in reaction (1) contains a 
partially broken RO-OH bond and that it is the 
differences in D (RO-OH) which cause the differ­
ences in the enthalpies of activation for the differ­
ent hydroperoxides.

The experiments in D20  were run in the hope of 
establishing whether reaction (1) for the oxidation 
of ferrous iron was a direct electron transfer from 
the iron to the hydroperoxide molecule or a H-atom 
transfer as in reaction (9).

_ -----  ̂ I ri _
FeOH++aq- +  RO. +  H20  (9)

In reaction (13) the circle about the iron represents 
other water molecules in the hydration sphere of 
Fe++ and the asterisk represents the transition 
state. In this reaction an O-H bond is broken. 
The increase of activation energy observed in D20  
medium as compared to H20  medium suggests that 
an O-H bond may be broken in the reaction. How­
ever, if reaction (1) involves replacement of an in­
ner shell H20  molecule by a hydroperoxide mole­
cule followed by direct transfer of the electron from 
ferrous iron to hydroperoxide, the increase of ac­
tivation energy observed in D 20  may be the result of 
increased heat of hydration of ferrous iron in D20  
as compared to H20. The heat of hydration of fer­
rous iron in D20  is not known. LaMer16 has 
stated that the dipole moments and dielectric 
constants of H20  and D20  are equal within the ex­
perimental error of about 1%. If these two quan­
tities are equal for H20  and D20  then the heats of 
hydration of ferrous ion for the two media will be

(16) V. K. LaMer, Chem. Revs., 19, 363 (1936).
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equal. If the two quantities are greater by about 
1% for D 20  than for H20  then the heat of hydra­
tion of ferrous ion will be greater by about 6 kcal./ 
mole17 in D20  than in H20  or by 1 kcal./mole for 
each water molecule if it is assumed that there are

(17) W. M. Latimer, “ Oxidation Potentials,”  Prentice-Hall, Inc., 
New York, N. Y., 1952, 2nd edition.

six water molecules in the first hydration shell of 
ferrous ion. Thus the activation energy would be 
1 kcal./mole greater in D20  than in H20  for the 
electron transfer mechanism. Unfortunately the 
observed increase of activation energy does not 
permit a choice to be made between the two possi­
ble mechanisms.

THE STANDARD POTENTIAL OF THE SILVER-SILVER HALIDE ELEC­
TRODES IN ETHANOL AND THE FREE ENERGY CHANGE IN THE TRANS­

FER OF HO, HBr AND HI FROM ETHANOL TO WATER
B y  L. M . M ukh erjee

Departm ent o f  Chemistry, U niversity College o f  S cience and Technology. Calcutta 0, India
Received February 3, 1956

According to the Born equation: AF  = — e2/2 r ( l /D 2 — 1 /D f) the free energj- change in the transfer of ions from one 
solvent to another should vary linearly with respect to the reciprocal of the radius of the ions. Previous observations with 
cells involving transfer of the chlorides of L i+, N a+ and K + ions from methanol to water show that the free energy change 
decreases in the order KC1 >  NaCl >  LiCl contrary to the order expected from the radii of the ions, viz., L i+ <  N a+ <  
K  \ It is suggested1 that the discrepancy may be due to some order/disorder changes associated with the process. The 
present communication is a report of the results derived regarding the free energy change in the transfer of electrolytes such 
as HC1, HBr and HI from ethanol to water, based on the difference in the corrected value of the standard potentials of the 
corresponding A g/Ag halide electrodes in the two media. It is seen that the magnitudes of the free energy change are fairly 
linear with the reciprocal of the crystal radii of the anions and are in the order C l-  >  Br_ >  I - .

Introduction
Direct measurement of e.m.f.’s of cells of the 

type
Ag/AgC l:M C laa; M™M; MCl„on_ a<1; AgCl/Ag

composed of 2 cells placed back to back gives, on 
extrapolation to <* dilution of both the solutions 
and reducing the difference in the “ cratic” term to 
zero by proper correction to equal mole-fraction, 
the free-energy change attending the transfer of 
ions of the electrolytes, from one medium to an­
other. The theoretical estimate of this quantity, 
however, can be made from a knowledge of the ex­
tent of the shift in equilibrium constant for the cell 
process, viz.

AgCl +  M Ag +  M + +  CD 

with change in dielectric constant which is related by

derived on the basis of the Born equation,9 viz.

the order IvCl >  NaCl >  LiCl, contrary to what is 
demanded by theory.

A similar trend is also observed in the plot of AH 
against l/D for these systems, where it is found 
that for a value of about 0.6 mole fraction of metha­
nol the heat of solution of NaCl has the same 
value as in pure water; in other words, the heat of 
transferring the ion from water to the methanol- 
water mixture is zero. Thus, the simple electro­
static theory seems to be inadequate for explaining 
the observed facts and it is therefore suggested by 
Gurney1 that probably the inequality of entropy of 
the ions transferred becomes so predominant that 
the final e.m.f. of the cells fails to correspond to the 
simple electrostatic relation.

The present paper summarizes the results ob­
tained with HC1, HBr and HI, a series in which the 
dimension of the anions increases in the order 
shown. In these cases the more reliable hydrogen 
electrode can be used in combination with the cor­
responding Ag/Ag halide electrode as shown below 
Pt, H2; HCi(Br or I)8Q; Ag/AgCl(Br or I)

It appears that A In K  or AF will vary linearly 
with the reciprocal of the radius of the ions involved 
in the transfer. Thus, in the case of KC1, NaCl and 
LiCl, i.e., a series of electrolytes with cations of 
varying radius, the expected relative magnitudes of 
the free energy change in transfer should decrease 
in order Li+, Na+, Iv+. However, actual measure­
ments with these electrolytes in methanol and 
methanol-water mixtures show that the relative 
magnitudes of the difference in free energy changes 
for the alkali chlorides are linear with l/D as ex­
pected, but that the magnitudes of AF are in

(Br or I )  AgCl/Ag; HCl(Br or I ) e . o h ; H2,Pt
E° =  E°h 2o  — UV.toH, where E° is the e.m.f. of the 
whole cell at dilution of both the aqueous and 
ethanol solutions; U ° h 2o  and Uffiton represent the 
standard reduction potentials of the respective A g / 
Ag halide electrode relative to H-electrode as zero, 
in aqueous and ethanol solutions.

Evaluation of E° thus requires a knowledge of 
the standard potentials of the Ag/Ag halide elec­
trodes in water and ethanol. Since sufficiently ac­
curate data are available for the aqueous solutions, 
the main problem is to ascertain the standard po-

(1) R. W. Gurney, “ Ionic Processes in Solution,”  McGraw-Hill 
Hook Co., New York, N . Y ., 1953.
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tentials of the Ag/Ag halide electrodes in ethanol, 
for which the following cell was set up.

Pt, H2; H X Et0 H; A g/A gX  (where X  =  Cl, Br or I)
„  2RT,
Aoba =  A 0 ------ In a ± H X

Experimental
The ethanol used was of the same standard of purity and 

dryness, as characterized by ultraviolet spectrophotometry. 2
The preparation of the Ag/AgCl electrode, together with 

details of its standardization in ethanol, has been discussed 
separately in a previous communication. 3

The hydrogen electrode assembly consisted of a freshly 
platinized Pt-foil in equilibrium with electrolytic H 2 gas 
Ip ~  1 atm.) purified through the usual train of purifiers, 
e.g., coned. H2S04, heated Cu gauze, lead acetate solution, 
coned. NaOH solution, concc. H 2SO4 and, lastly, ethanol.

The Ag/AgBr electrode was of the thermal type, as was 
used by Keston4 in methanol. The Ag/AgI electrode was of 
the thermal electrolytic type, prepared by liberating iodine 
from aqueous K I solution in a separate anode compartment 
on a stout Pt helix fused at the end of a Pyrex glass tube 
and previously coated with Ag by electrolysis of K Ag(CN ) 2 
and later, by decomposition of a freshly prepared alkali- 
free Ag20  paste at 450-500°. Before and after experiment, 
the electrodes were checked in aqueous solutions of KBr 
and K I of known halide ion activity. Before use, the elec­
trodes were washed thoroughly with ethanol.

Dry gaseous HBr and HI were obtained by allowing pure, 
dry H. and the halogens to react over heated pumice stone or 
platinum catalyst. Before absorption in ethanol the gases 
were led through a number of vessels containing red phos­
phorus and kept immersed in a freezing mixture, whereby the 
free halogen, if any, was completely removed. The stock 
solutions of HBr and HI in ethanol thus obtained were kept 
in a refrigerator in sealed black Jena glass containers to 
prevent possible decomposition of the acids and subsequent 
interaction with ethanol. The solution of HBr in ethanol 
was standardized by taking aliquot portions of the stock 
solution in an excess of aqueous K I solution and titrating 
the acid against standard KOH solution using phenol- 
phthalein as indicator. The HI solution was taken in 
water to which a drop or two of very dilute Na2S20 3 solution 
was added to discharge the color of the liberated iodine, if 
any, and then titrated against standard KOH as above. 
In view of the more or less unstable nature of the solutions, 
the preparation of the stock and the working solutions and 
the actual measurement of e.m.f. were completed within 24 
hours. Compared to the solution of HBr, the HI solution 
was very unstable and required caution and checking up. 
However, no appreciable change in concentration could be 
noted within 24 hours, before which time the entire measure­
ments were completed. The concentration of the solutions 
has been calculated in terms of molarity.

The e.m .f.’s were noted at intervals of 30 minutes for 
about 3-4 hours at 35 ±  0.25° with the help of a Leeds & 
Northrup type-K potentiometer and a Hartmann-Braun 
galvanometer till the values were constant within ± 0 .0 0 0 1  
volt.

Results and Discussion
The table below presents the e.m.f.’s observed 

for the above cells for different concentrations of 
HBr and HI solutions in ethanol and the extrapo­
lated5'6 values of the standard reduction potentials, 
E° (relative to H2 electrode), of the Ag/AgBr and 
Ag/AgI electrodes, respectively. The values of the 
a° parameter and other relevant quantities are also 
given in the table for reference. The AF° values 
indicate the amount of free energy change in the 
transfer of one mole of HBr or HI at equal mole 
fraction from ethanol to water. The observed

(2) L. M. Mukherjee, Science dt Culture (India), 19, 314 (1953).
(3) L. M. Mukherjee, T h i s  J o u r n a l , 58, 1042 (1954).
(4) A. S. Keston, J. Am. Chem. Soc., 57, 1671 (1935).
(5) H. S. Harned, ibid., 60, 336 (1938).
(6) T. H. Gronwall, V. K. LaMer and K. Sandved, Physik. Z., 29, 

358 (1928).

values of AF° for HC1 used in Fig. 2 have been de­
rived from the difference in standard potential of 
Ag/AgCl electrode in water and ethanol as reported 
earlier.7

T a b l e  I
A gB r +  >/2 H 2 ±  A g  + A g l + >AHS A g +

H +EtOH +  B r EtOH H +EtOH +  I EtOH
a°HBr = 6 A.

E.m.f .obed
a0hi =  6 Â.

E.m.f.obadConcn. (x.)cor tO Concn. (v.)oor toof HBr, 1 atm. }U of HI, 1 atm. H2
M press. M press.

0 .0 110 33 0 .1 828 5 0 .0 205 97 - 0 .5 0 1 4 0
.005516 .21400 .010301 -  .53565
.004597 .22245 .005463 .04425
.002207 .25805 .001906 .09365
.001204 .28595 .001565 .10135
.001103 .29010 .001184 .11475
.000602 .31950 .000900 .12890
.000216
.000110

.37085 

.40600
.000440 .16395

) Ag/AgBr = 0.08155 v . in E® Ag/AgI = -0 .2 5 3 0 5  v . in
m olar scale, i.e., m olar scale, i.e.,
—0.06895 v . in —0.24047 v. in
m olai scale m olai scale

AF°EtoH—»-Hao =  —0.5232 X  AF°EtoH—emo =  —0.2146 X  
IO23 e.v. 1023 e.v .

L o g  sa lt /a c id .
F ig. 1.— a , 0 .0103 X  H I /E t O H  titrated  w ith  0.1040 N  

N a O E t /E tO H  b y  qu inhydrone e lectrod e; O, 0.01104 N  
H B r /E tO H  titrated  w ith  0.08387 Ar N a O E t /E tO H  b y  H - 
electrode.

The plots of E against log x/(l — x ) (Fig. 1) 
where x =  fraction of the acid neutralized do not 
exhibit linearity. This failure of the Henderson 
equation was considered as the basis for regarding 
HBr and HI as completely dissociated. Deyrup,8 
from a study of the kinetics of acetal formation, 
also concluded that HC1, HBr and HI behave as 
strong acids in ethanol.

The magnitudes of the free energy change (see 
Fig. 2) associated with the transfer of the ions of

(7) L. M. Mukherjee, Naturwissenschaften, 41, 228 (1954).
(8) A. J. Deyrup, J. Am. Chem. Soc., 56, 60 (1934).
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(1 /r) X  IO-8, cm. h
Fig. 2.

HCl, HBr and HI are in the order IIC1 >  HBr >  HI 
which is also the increasing order of the dimensions 
of the halide ions. Moreover, the free energy 
changes when plotted against the reciprocal of the 
crystal radius of the corresponding ions, viz., Cl , 
Br-  and I~ ions, give a straight line. Although no

quantitative agreement was sought for, it is sug­
gestive that these results are in conformity with 
the view9 that in the field of a small ion in vacuo 
there is initially more energy to lose and conse­
quently when the ion is plunged into a solvent, 
more energy is lost and the energy loss is greater 
the smaller the size of the ion.
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(9) M. Born, Z. Phyaik.. 1, 45 (1920).

THE TRANSFERENCE NUMBERS OF IODIC ACID AND THE LIMITING 
MOBILITY OF THE IODATE ION IN AQUEOUS SOLUTION AT 25°

B y  M . Sp ir o 1
Department of Chemistry, University of Toronto, Toronto 5, Ontario, Canada 

Received February S, 1956

The transference numbers of iodic acid in aqueous solution at 25° have been determined for concentrations from 0.01 to 
0.08 iV by the direct moving boundary method. Both the hydrogen and the iodate ion constituent transference numbers 
were measured and their sum was unity to within a few units in the fourth decimal place. Above a certain low current range 
the iodate transference numbers increased with increasing current. The Longswort.i function ¿g' varied linearly with con­
centration and an extrapolation gave a value of 40.54 for the limiting mobility of the iodate ion. A re-examination of recent 
conductance data on K I0 3 indicated that the conductances below 0.0015 N  were not reliable but that the values above this 
concentration were in good agreement with the present work and led to a dissociation constant for K I0 3 of 1.7j mol. I.-1.

Within the last 30 years, the conductances of 
many strong and weak electrolytes, and the trans­
ference numbers of several strong electrolytes, 
have been measured in aqueous solution with a 
precision of a few hundredths of 1%. No accurate 
transference determinations have been made on 
any simple, incompletely dissociated electrolyte, 
despite the fact that such information would be 
helpful in interpreting moving boundary work with 
buffer systems,2 as well as the transference data of 
salts in non-aqueous of solvents low dielectric con­
stant. Moving boundary transference measure­
ments were therefore done on iodic acid, the latter 
being chosen because it is monobasic, its dissocia­
tion constant is known (0.167 mole l.-1),3 and it is 
stable and easily purified. K I0 3 and H3PC>4 were 
suitable indicators for the determination of the 
hydrogen and the iodate ion constituent transfer­
ence numbers, respectively, both giving stable, fall­
ing boundaries.

Experimental
The tube in the falling boundary cell had an internal di­

ameter of 2.4 mm., and -was calibrated with the KCl/LiCl 
system, taking ¿|cl =  O.49OO0 at 0.04 A .4-5 The current,

(1) Chemistry Department, University of Melbourne, Carlton, 
N.3, Victoria, Australia.

(2) E. B. Dismukes and R. A. Alberty, J. Am. Chem. Soc., 76, 191
(1954), and earlier papers; I. Brattsten and H. Svensson, Acta Chem. 
Scand., 3, 359 (1949), and earlier papers.

(3) O. Redlich, Chem. Revs., 39, 333 (1940); N. C. C. Li and Ying- 
Tu Lo, J. Am. Chem. Soc., 63, 397 (1941).

(4) R. W. Allgood, D. J. Le Roy and A. R. Gordon, J. Chem. Phys., 
8,418 (1940).

(5) L. G. Longsworth, J. Am. Chem. Soc., 54, 2741 (1932).

controlled by a semi-constant current device,6 was measured 
in absolute amperes by means of calibrated resistances and 
a Rubicon precision potentiometer. Time readings were 
made to the nearest half-second -with a metronome clicking 
at 2 beats a second in conjunction with a Hamilton chronom­
eter watch, which was checked periodically against the 
Dominion Observatory official time signal. The faraday 
was taken as 96500 absolute coulombs. The average re­
producibility of the runs, in terms of the average deviation 
from the mean, was 1 in 6000 for the calibration runs, 1 in 
5400 for the HIOj/K IO j runs, and 1 in 2600 for the H I0 3/  
H 3P O 4 runs. The boundaries in the H I O 3 / H 3P O 4 system 
looked much “ thicker”  than those in the H I O 3/ K I O 3 sys­
tem .

Chemicals.—The “ equilibrium”  conductivity water used 
for all solutions and purifications had a specific conductance 
of 0.8 X 1 0 ohm-1 cm .-1 and a pH of 6.0. For the solvent 
corrections in the H I0 3 solutions, the contribution to the 
conductance due to the ionization of car jonic acid (0.40 
X 10-6 ohm-1 cm .-1) was subtracted and 0 .I7 X  10-6 ohm-1 
cm .-1 added7 to take account of contamination in the cell.

A strong, aqueous solution of Merck reagent iodic anhy­
dride was filtered through a sintered glass frit, and the iodic 
acid twice recrystallized by slow evaporation in a vacuum 
desiccator. A stock solution was made up and analyzed 
in an atmosphere of purified nitrogen by weight titration 
with NaOII solution, using either brom thymol blue or 
B .D .H . universal indicator. The NaOII solution was pre­
pared by diluting a saturated solution of Merck reagent 
NaOII, and the carbonate remaining was decomposed by 
boiling the titrated solution twice just before the end-point. 
A reproducibility of 1 in 8000 was attained. The primary 
standard wras constant boiling HC1.8

Mallinckrodt analytical reagent 85% orthophosphorie 
acid was twice recrystallized as HjPOi-VaHjO. Seed crys-

(6) D. J. Le Roy and A. R. Gordon, J. Chem. Phys., 6, 398 (1938).
(7) D. R. Muir, J. R. Graham and A. R. Gordon, J. Am. Chem. 

Soc., 76, 2157 (1954).
(8) A. I. Vogel, “ Quantitative Inorganic Analysis,”  Longmans, 

Green and Co., London, 1939, p. 279.
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tals were obtained by cooling a few cc. in a Dry Ice-acetone 
bath, and their introductiin into 85% acid at 11° gave a 
mass of fine, white crystals that was collected by filtration 
through a sintered glass frit. Analysis by flame photometry 
showed that the two recrystallizations had reduced the Na 
content by 2/3  to 0.015 mole % , while the K  content was 
unaltered at 0.010 mole % . These were the chief impurities, 
and their presence caused no error as they migrated away 
from the HIO3/H3PO4 boundary. A stock solution of 
phosphoric acid was analyzed as above with brom cresol 
green or methyl orange as indicator; the precision was much 
lower than for the HIO3 titrations.

The crystallized B.D .H . Analar potassium iodate was 
dried under vacuum. The preparations of KC14 and LiCl9 10 
have been described.

All solutions were made up by weight, and all weights had 
been calibrated. In converting from mass to volume con­
centrations, all weights were corrected to vacuum, and 
literature density data106 were employed. All solutions 
were partially degassed at 1/ 2 atm. immediately before a run.

Electrodes and Volume Corrections.— In the HIO3/K IO 3 
runs, a Cd rod served as anode and a Pt wire as cathode. 
To prevent gassing at the anode in the more concentrated 
solutions, a KC1 solution was placed around the rod and the 
KIOs solution slowly and carefully added to prevent undue 
mixing. It was noticed that a light grey deposit, insoluble 
in water but soluble in dilute HC1, formed on the rod, and 
was attributed to Cd(O H 'Cl.n The anode was weighed 
before and after the run to determine the extent of this side 
reaction, which ranged from 0 -4 8  mole % of the total elec­
trode reaction. Although *his percentage was quite repro­
ducible under given conditions, no specific trend with any 
variable was found other than a decrease with increasing 
current.

The volume corrections are given by — chio3(AF/1000), 
where c is the normality and F the volume in cm.3, and 
where, with t representing transference number

AT, =  Fed -  V ™ ; +  - 2  F« % 1)2 =  -13 .2
(no KC1)

A T/ —  A T/% , — /nl°3 V Hl -4- — ij?KC1 4- f7KI°3 _A * 2 — —2 ^cd — hi vmo3 1 2 ^cdciz n- ^kio3
Kkc} = —1 2 .7  — O.7 V ckci (KC1, no deposit) 

ATA = - I  Fed -  4 ° 3 Fg%  +  -IFcdroHjc. +  FliSj -
Fkoi +  ~ i Fncl -  -  P  mo = -6.3 -2 .6

(KC1, Cd(OH)Cl deposit)
When KC1 was used, A F 2 and A V 3 were weighted according 
to the experimentally found proportion of the side reaction. 
Numerical values not listed by Longsworth6 were computed 
from the somewhat discordant literature density data to 
give Fhio, =  28 ± _ 2  “ M - n  Fk io3 =  34 ±  2 , 10b.13. 14 
Fcikioj)» =  37 ,14 and Fcdiomci =  36.2.lt)a' 11 12

In the HIO3/H3PO4 runs, a Pt ware served as anode and a 
thermally prepared AgBr electrode as the non-gassing cath­
ode (AgsPOi did not precipitate under the experimental 
conditions). A large cathoce compartment of about 40-ml. 
capacity was used to prevent bromide ions reaching the 
boundary. In the first run with a freshly prepared elec­
trode the current readings were often erratic, and at times 
a viscous streaming effect was noticed that slowly turned the 
solution around the electrode cloudy and gave a deposit at 
the bottom of the electrode compartment. The latter dis­
turbance was probably caused by finely dispersed AgBr or Ag; 
both effects disappeared after the first run.

The volume corrections are given by — chioi(AF4/1000). 
where
A tr _ rt Tr ¿HIO3 tTHIOj t/HjPCU _

A V '4  —  V Ag  ̂ AgBr ¿ i o 3 ' H I O s ' ^ H B r “

+  3.4 +  O.5 VMHaPO.!

(9 )  R. E. Jervis, D. R. Muir, J .  P. Butler and A. R. Gordon, J. 
Am. Chem. Soc., 75, 2855 (1953).

(10) “ International Critical Tables.”  McGraw-Hill Book Co. Inc., 
New York, N. Y., (a) Vol. I, 1926; (b) Vol. I l l ,  1928.

(11) J. W. Mellor, “ A Comprehensive Treatise on Inorganic and 
Theoretical Chemistry,”  Vol. IV. Longmans, Green and Co., London, 
1922, p. 54G.

(12) R. Lühdemann, Z. physik. C h em ., B29, 133 (1935).
(13) M. Randall and M. D. Taylor, T h i s  J o u r n a l , 45, 9 5 9  (1 9 4 1 ) .
(14) K. Fajans and O. Johnson, J. Am. Chem. Soc., 64, GG8 (1942).

n is the ionic strength. The numerical values used were 
FAi =10.3,6 FAgBr =  29.0,1«“, Fhb, =  24.9 +  0.6v7V ob'u 'ls

Results and Discussion
The Effects of Current and Indicator Concentra­

tion.— The values of ¿h were independent of cur­
rent at all currents used and showed no variation 
when the indicator concentration was changed 
from the Kohlrausch value to one 6% below it. 
When a wider range of indicator concentrations was 
tested at 0.02 N, ¿h was not appreciably altered 
even when the K I0 3 concentration was 18% below 
the Kohlrausch figure, as had been expected.16

In the HIO3/H 3PO4 runs ho* increased with in­
creasing current. At any given current, fa03 was 
not affected by a change in the indicator strength 
from the Kohlrausch concentration to one 6% 
lower. At 0.02 N, where a greater range of indi­
cator concentrations was investigated, an increase 
in the H3PO4 concentration to 6% above the Kohl­
rausch value did not influence fao3, but a decrease 
to 17% below this figure gave somewhat lower 
transference numbers. A comparison of all the 
results indicated that

tio3(I — 1) — = 0) — f(I/ac) (1)
where a is the degree of dissociation in a c normal 
solution of iodic acid and I  is the current. The 
function is approximately proportional to ( / / q c ) . 2'7 
Figure 1 shows how well this empirical relationship

[I/ac], ma. 1. g.-equiv. 4.
Fig. 1.—Variation of ho?, with current I  at different ionic 

strengths ac.

holds. No explanation of this phenomenon is of­
fered, but it should lie pointed out that some mov­
ing boundary measurements with strong electro­
lytes in the past have indicated that transference 
numbers are subject to change when the current 
becomes too high.17 It may well be that this cur­
rent variation depends upon the cell design,16 and 
it is possible that weak electrolyte systems are 
more sensitive to such an effect. Whatever the 
cause, it introduces no uncertainty exceeding ± 2  X 
1(%5 into the ho, values at zero current in Table I.

(15) K . Fajans, J. Chem. Phys., 9, 283 (1941).
(16) A. R. Gordon and R. L. Kay, J. Chem. Phys., 21, 131 (1953).
(17) IT. P. Cady and L. G. Longsworth, J. Am. Chem. Soc., 51, 165G 

(1929); A. R. Gordon, private communication.
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T a b l e  I
S um m ary  of T r a n sf e r e n c e  M e a su r e m e n ts  a t  25.00 ±  0.02°

Chios0 n  =  a c
/H current 
range, ma. ¡H b

Ì103 current 
range, ma. fioV ill + (103 “ Best” ¿103

At round«* 
concn.

0 .01000 0 .00955 0 .2 3 -0 .4 5 0 .9013 0 .6 9 -1 .1 9 0 .09831 0 .9996 0.09835 0 .09835

.01966 .01815 .3 3 -0 .5 7 .9034 .8 1 -2 .9 3 .09648 0 .9999 .09649 .09644

.04989 .04247 .5 7 -1 .4 6 .9065 .8 2 -1 .9 8 .09363 1.0001 .09361 .09360

.07997 .06407 .8 2 -1 .7 2 .9074 1 .2 0 -4 .6 2 .09222 0 .9 9 9 6 .09226 .09226
“ The average of several closely agreeing concentrations, gram equivalents per liter of solution. b The average of between 

4  and 9 runs, with solvent and volume corrections added, f Based on between 4 and 23 runs, with solvent and volume cor­
rections added. The values at the two lowest concentrations were subject to a small extrapolation based on eq. 1, since the 
boundaries were too faint for observation at lower currents. d “ Best”  values of (ro3 at 0 .0 1 , 0 .0 2 , 0.05 and 0.08 N, respec­
tively.

Best Values and the Variation with Concentra­
tion.— The experimental values are given in Table 
I. a was computed by taking the dissociation 
constant K  as 0.167 mole l.-13 and by using the 
Davies activity coefficient expression18

’ log 10/ ±  =  [-0 .5 0  V S /( 1  +  V 5c) 1 +  0.1 ac (2)
The sum of and t\oz is close to unity, thus 

providing a check on the results. If the small 
deviations from 1 can be ascribed to uncertainties 
in the concentrations or to any other factors (such 
as the tube calibrations or the solvent corrections) 
common to both sets of measurements, then “ best” 
values will be obtained by multiplying both trans­
ference numbers by 1 /{t +  tioz). This has been 
done in Table I. In the past, the “ best”  value of 
the transference number of a given ion constituent 
was usually obtained by averaging this number as 
measured and the difference between 1 and the 
measured transference number of the other ion 
constituent. The latter procedure implies that 
both numbers are subject to the same absolute 
rather than the same relative uncertainty, and while 
essentially the same “ best” values are given by 
both methods when the transference numbers are 
close to 0.5, they differ when one transference 
number is much larger than the other, as in the 
present case. The values in the last two columns 
of Table I are probably accurate to about 1 in 
1300; the last figure will, however, be retained in 
subsequent calculations.

The variation of the best values with concentra­
tion could be accounted for by any of the following 
three modifications of the equation Longsworth5 
proposed for strong electrolytes.

ho, =  0.1038G +  0.0662c (3)
To', =  0.10386 +  0.0584( ac) +  0.0953(«c>’ /2 (4)
To'' =  0.10386 +  0.0674( ac) +  0.237(o;c)2 (5)

=  0.10386 +  0.0662 [1.018(ac) +  3.58(ac)2 (5 ')

where
To', =  (ho, A' +  a y/ac)/(A' +  2cr V ac)

and
A ' =  A° -  (0A° +  2 <r)VaC

The Onsager constants 9 and a were taken as 0.2289 
and 30.09, respectively, and A°, the conductance of 
H I03 at infinite dilution, as 390.37. A change of 
0.2 unit in A° changes tfo, by no more than 1 X 
10"5. The average difference between the best 
transference number and that calculated by equa­
tion 3, 4 or 5 is 1 X 10~5.

(18) C. W . Davies, J . Chem. Sor., 2093 (1938).

Nearly all the existing data for strong electro­
lytes show that t°' varies, as a first approximation, 
linearly with concentration. Equations 4 and 5 
show that t0' of the partially associated iodic acid 
varies in an analogous manner with ac, as would 
have been expected. There is no theoretical reason 
for preferring either of these equations to the other 
or to any combination of them. It was surprising 
to find, however, that eq. 3 also fitted the results 
for iodic acid. A possible explanation may be 
found by comparing 3, 5', and the mass action 
equation in the form c = (ac) +  [f± (ac)2/K], 
and noting that f±/K  changes little with concentra­
tion and is 3.88 at the highest ionic strength 
where the term in (ac)2 is relatively most important. 
The linear variation of ifo, with c, rather than with 
ac, may therefore be fortuitous. Alternatively, 
since c =  ac +  (1 — a)c, it is possible to explain 
eq. 3 on the basis of a medium effect caused by the 
undissociated iodic acid.

In terms of the individual ionic mobilities (X)
.hio3 _  ______[I0 3 A103-_____  _  Aior .
I0> [IO3— ] Xio3— h [4I + ]Ah+ Xio3— I- Ah+

if the mobility of the undissociated iodic acid is 
assumed to be zero, and where the square brackets 
denote concentrations. Equations 3, 4 and 5 show 
that the iodate transference number at infinite dilu­
tion is 0.10386, and if Xfi+ =  349.83,19'20a Xfo, = 
40.54 ±  0.03. This value is based on a fairly small 
extrapolation. The transference method employ­
ing weak acid/weak acid boundaries seems promis­
ing as a means of determining limiting anion 
mobilities, particularly since this method yields 
limiting mobilities that, are much less sensitive to 
either experimental errors or any uncertainty in 
Xh + than are the values derived by the traditional 
conductance procedure in which the limiting anion 
mobility appears as the relatively small difference 
between two large quantities, A° and Xh +-

Values of the limiting mobility of the iodate ion 
derived from KIOs conductance data are discussed 
in detail below.

The Conductance of Potassium Iodate Solu­
tions.— Krieger and Kilpatrick,21 who did measure­
ments from 0.00013 to 0.10 N, showed that sev­
eral modifications of the Onsager equation fitted 
their points above 0.0015 N  with an average devia-

(19) R. A. Robinson and R. H. Stokes, “ Electrolyte Solutions,”  
Butterworths Scientific Publications, London, 1955, p. 452.

(20) H. S. Harned and B. B. Owen, “ The Physical Chemistry of 
Electrolytic Solutions,”  Reinhold Publ. Corp., New York, N. 5'., 
2nd ed., 1950 (a) p. 591; (b) pp. 537-8, 590.

(21) K. A. Krieger and M. Kilpatrick, J. Am. Chem. Sue,, 64, 7 
(1942).
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tion of 0.06 in A and led to Akio, = 114.00. If
Ak + = 73.5019*20”, then A?o,- =  40.50, in good 
agreement with the present value.

Monk22 redetermined the conductances from 
0.00018 to 0.0039 N, ar_d concluded that AkiOs = 
114.27 ±  0.02, which gives Ai0s- =  40.77 ±  0.02. 
He mentioned that in dilute solutions the resistance 
readings drifted steadily even in a fused quartz 
cell, though he considered that this difficulty was 
overcome b}r taking readings rapidly after shaking 
the cell. An additional drift was found in a boro- 
silicate cell. Monk calculated a dissociation con­
stant for K I0 3 of 1.7 mole l.-1 from his 5 most 
dilute points by means of the method which Da­
vies23 had used for 2:2 electrolytes. This assumes 
that the limiting Onsager equation

Ae =  A° — V0A° -f- 2cr) \/aC (7)

applies, and a =  A/Ae, where A is the observed con­
ductance at normality c. However, he used an 
arithmetically incorrect slope of 87.29; the correct 
figure of 86.29, together with his own limiting 
conductance, gives dissociation constants that 
increase with increasing concentration, with a 
mean value of 1.0 for tne 5 lowest points. It has 
been shown since24" 26 that the conductance is rep­
resented more exactly by a modified relation 
which includes a term in the ionic strength whose 
numerical coefficient is approximately the same 
as the limiting slope. If it is assumed that Ae, the 
hypothetical conductance of completely dissociated 
IvI03 at an ionic strength of ac, is given Dy

A, =  A° — (0A° -{- 2tr)\ZaC 4- (0A° -f- 2c) ac (8)

then the dissociation constants still show a con­
centration trend, with a mean value of 0.6 mole l._1 
for the 5 lowest points. Davies23 derived a dis­
sociation constant of about 2.0 mole l._1 in the 
range 0.01 to 0.10 N  by applying an empirical 
conductance relationship to older conductance 
figures at 18°.

The situation is not very satisfactory, and both 
recent sets of conductances were therefore re­
examined with the aid of the present results, in the 
absence of data for a completely ionized iodate. 
From eq. 6 and the assumption of independent ionic 
migration

A e =  Xk+ +  H o3-  =  Ak+ — An* +  Ah+A h IOs

= ¿k CIA kci — ¿hC1Ahc; +  i f ClAnci/ (l — ¿k >3°s) (9)

This way of combining the data minimizes the ef­
fect of undissociated H I03 on Aio," The KC1 and 
HC1 data listed by Harned and Owen20b were ex­
pressed analytically in terms of the ionic strength p 
(in moles per liter of solution) and combined with 
eq. 0 to give
A* =  114.045 -  86.29 p'h -  89.04 p -  31.36 p3/* +

U iAp*  -  34 p*h +  50 p3 (10)
If the assumption of independent ionic migration 
does not break down at the higher ionic strengths, 
eq. 10 should hold over the range in which the ex­
perimental figures are known, p =  0.01-0.06.

(22) C. B. Monk, ,7. Am. Chen. Soc., 70, 3281 (1948).
(23) G. W. Davies, Trans. Faraday Soc.., 23, 351 (1927).
(24) T. Sliedlovsky, J. Am. Chem. Soc.. 54, 1405 (1932).
(25) R. A. Robinson and C. W . Davies, J. Chem. Soc., 574 (1937).
(2f>) R. A. Robinson and R. IT. Stokes, J. Am. Chem. Soc., 76,

1991 (1954).

When p was replaced by c in eq. 10, the values 
obtained were all larger than the corresponding 
observed values of A, except below 0.0015 N. This 
indicated that K I0 3 is incompletely dissociated, 
and degrees of dissociation a were then computed 
by the usual method27 of successive approximations 
until a = p/c =  A/Ac. The thermodynamic dis­
sociation constant of K I0 3, K, was found from

K  =  a 2c /± / ( l  — a) (11)
where f±  was given by e p 2. The results fell into 3 
groups: (1) the K  values obtained from the 13
points between 0.002 and 0.06 N  were independent 
of concentration, with a mean of 1.76 mole l.-1 
and an average deviation from the mean of 0.06;
(2) the K  values from the 2 points between 0.0015 
and 0.002 N  were 2.8 and 2.3 mole l.-1, but owing 
to the small differences between A and Ae in this 
range an error of only 0.02 in A would bring them 
into agreement with those in group (1); (3) the K  
values from the 7 points below 0.0015 N  were, 
with one exception, negative, i.e., A >  Ae.

Between 0.0015 and 0.06 N, eq. 10 and the ex­
perimental data on which it is based, and the con­
ductances of K I0 3, are therefore consistent with 
each other and with the assumption of incomplete 
dissociation in K I0 3 so-utions. It would be sur­
prising if eq. 10, having proved its worth in this 
range, should suddenly break down below 0.0015 N, 
and it seems more likely “hat the results in group (3) 
are caused by errors in the conductances. This ex­
planation is supported both by Monk’s report22 of 
the experimental difficulties encountered in the re­
sistance measurements in the most dilute solutions, 
and by the fact that the conductance solvent cor­
rections in this region are several times greater 
than the differences needed to bring the observed 
conductances into line with those in the stronger 
solutions.

103c.
0 2 4 6 8 10

c A2iS2/ 2± .
Fig. 2.— Shcdlovsky “ combiration”  equation plot of KlOa 

conductances: O, Krieger md Kilpatrick21; ©, Monk.22

(27) D. A. Madlines and T. Sliedlovsky, J. Am. Chem. Soc., 54,
1429 (1932).
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The divergence between the experimental con­
ductances at low and at moderate concentrations 
is brought out by Fig. 2, in which the K I0 3 con­
ductances have been plotted by means of the Shed­
lovsky28'29 “ combination” equation

AS = A° -  [cA2S2/± 7 A A ° ] (12)
which combines eq. 11 with the Shedlovsky con­
ductance equation28

A = aA° — [(0A° +  2<r)Av/“ c/A°] (cond. eq. S) (13)
Here c, a, A and K  again refer to K I0 3, S is the 
Shedlovsky function,30 and /±  was calculated 
from the Guggenheim approximation

logic f±  = -  0.5092 v W ( l  +  v « c )  (14)
The corresponding concentrations are shown at the 
top of Fig. 2; above 0.01 N  the equation would 
not be expected to hold.28 No straight line fits 
all the points, but the latter can easily be grouped 
along the two lines shown. The conductances below 
0.002 N  extrapolate to A° =  114.27, as given by 
Monk,22 but the data above 0.0015 N  can be ex­
trapolated to 114.04, in accord with the limiting 
iodate mobility found in the present work and the 
accepted limiting mobility of K +.19.2°a

From the slopes of lines (i) and (ii) and eq. 12, 
dissociation constants of 0.67 and 3.53 mole l.-1, 
respectively, can be calculated. Another activity 
coefficient expression in place of eq. 14, such as eq. 
2 or the limiting Debye-Hiickel equation, would 
change these values (but not the intercepts) by a 
few per cent, only, and would not account for the 
difference between either figure and that of 1.76 
mole l.-1 found above. However, it has been 
shown29 that for a fairly strong electrolyte the dis­
sociation constant obtained depends upon whether 
the Onsager limiting law or the Shedlovsky equa­
tion 13 is applied in deriving a “ combination” 
equation such as 12. The sensitivity of K  to the 
theoretical relation employed can be quantitatively 
generalized by writing a general conductance equa­
tion in the polynomial form
A//S' = A° -  (0A° +  2<r) (/3'c)'A +  A/3'c +

A'(/3'c)sA +  . . . . (cond. eq. G) (15)
as compared -with the limiting Onsager law

A/j8 =  A° — (0A° +  2a) (/3c)Vs (cond. eq. L) (16)
where ¡3' and /3 are the degrees of dissociation calcu­
lated from the respective equations. If /S' =  
0(1 -  «)

5 = Ac/ A° (17)
Under the same conditions, eq. 11 approximates to
K ~ l =  (1 — a)/c, hence
a +  -  a t 1 = [(i -  n/c] -  [(i -  e)/c] =

03 -  0')/c «  S/c

where the subscript on K  refers to the conduct­
ance equation used. Thus

A +  -  A T 1 =  A /a ° (18)
An expansion of eq. 13 in the form of eq. 15 gives 
As =  (9A° +  2o-)2/'A°, so that

K b 1 -  A l 1 =  (0A° +  2<r)2/A °2 (19)
which is identical with the relation derived earlier29 
by another method. Combination of eq. 18 and 19 
gives

A d 1 -  A s 1 =  [A/A0] -  [(0A° +  2cr)/A°]2 (20)
In the case of K I0 3, it seems reasonable to sup­

pose that a dissociation constant of 1.76 would 
have been obtained from a plot such as Fig. 2 if eq. 
12 had been based, not on the Shedlovsky conduct­
ance equation 13, but on the general equation 15 
with the value of A appropriate to K I0 3. This 
hypothesis provides another test for distinguishing 
between lines (i) and (ii). According to eq. 20, 
if K g =  1.76, then

if A s =  0.67 (line (i)], A  =  - 4 0  
if As =  3.53 (line (ii)], A  =  +93

On theoretical grounds A should be positive, while 
experiment shows24'25 that A is usually around 
(i9A° +  2<r), here equal to 86.29. Moreover, eq. 10, 
based on work with other electrolytes, predicts that 
A  should be 89.04, although the numerical coef­
ficients in eq. 10 (but not Ae) depend to some ex­
tent on the analytical expressions chosen to represent 
the experimental data.

Again, if the Robinson and Stokes26 conductance 
equation .is written in the form of eq. 15, A rs =  
(6A° -+ 2<j)Ba, where B =  0.3286 in aqueous solu­
tion at 25° and & is the “ distance of closest ap­
proach”  of the ions. According to this equation, 
line (i) gives the unlikely & value of —1.4 A b while 
line (ii) gives a reasonable distance of +3.5  A.

In conclusion, it appears that the experimental 
conductances of KIOs below 0.0015 N  are not re­
liable, while the conductances above this concen­
tration are compatible with a limiting iodate 
mobility of 40.54 and a dissociation constant for 
KIO, of 1.7e.

_  0 A0 -  (0A° +  2<x)03c),A (1 -  S)>A +  +3c(l -  S) +  A'(/3c)3A (l  -  S)JA +  . . . 
1 — « j8' A° — (0A° +  2<7)(/3c)‘A

The binomial theorem enables this relation to be 
expressed as a polynomial in 5, and in very dilute 
solutions, where c « l  and ¡3 «  1, all terms higher 
than 51 and cl can be dropped to give

(28) T. Shedlovsky, J. Franklin Inst., 225, 739 (1938).
(29) R. M. Fuoss and T. Shedlovsky, J. Am. Chem. Soe., 71, 1496 

(1949).
(30) H. M . Daggett, Jr., ibid., 73, 4977 (1951).
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By streaming potential techniques, the zeta potential of quartz has been measured as a function of the concentration of 
various aminiuin acetates. These experiments indicate that adsorption of aminium ions takes place as individual aminium 
ions until a certain critical concentration is reached within the double layer, at which point the adsorbed aminium ions begin 
to associate into patches of ions, called hemi-micelles. At neutral pH, the bulk concentration required for hemi-micelle 
formation is dependent upon the length of the hydrocarbon chain. The effect of competition between sodium ions and 
dodecylammonium ions for the surface and the effect of pH on hemi-micelle formatioh has been investigated.

At low concentrations dodecylammonium ions 
affect the zeta potential of quartz in nearly the 
same manner as do sodium ions, but at a certain 
concentration, these long-chained ions make enor­
mous electrokinetic changes at the quartz-solu­
tion interface.1'2 Electrokinetic experiments have 
shown that monovalent inorganic counterions can­
not change the sign of the zeta potential, f , but only 
cause it to approach zero at high concentrations, 
whereas multivalent inorganic counter ions are 
able to change the sign of f . 1-3 If f  is plotted as a 
function of the logarithm of the concentration of 
dodecylammonium chloride (f vs. log C curve), 
the resulting curve is similar to that obtained for 
sodium chloride in dilute solutions, but at a certain 
concentration of dodecylammonium chloride, the 
zeta potential changes sign quite abruptly. It was 
concluded that in dilute solutions, dodecylam­
monium ions are adsorbed as individual ions, but 
once the adsorbed ions reach a certain critical 
concentration at the solid-liquid interface, they be­
gin to associate into patches of ions at the solid- 
solution interface in much the same way they as­
sociate to form micelles in bulk solutions.1'2 The 
forces causing ionic association at the surface will 
be the same as those operating in the bulk except 
that coulombic attraction for the surface will aid 
the association. Because of the high surface 
charge, the adsorbed aminium ions in the Stern 
layer (the layer of counterions adjacent to the solid 
surface) must necessarily be oriented with the 
charged heads toward the surface and with the 
tails sticking out into the liquid. If the adsorbed 
aminium ions associate tightly in this manner 
through van der Waals attraction between hydro­
carbon chains, a minimum surface area of hydro­
carbon chain will be in contact with water. Be­
cause of the proposed appearance of these adsorbed 
aminium ions, Gaudin and Fuerstenau have termed 
these patches of associated ions hemi-micelles.2

The total double layer potential at the quartz 
surface depends upon the pH of the solution since 
hydrogen and hydroxyl ions are potential-determin­
ing ions for quartz.1-3 If the pH is increased, the 
surface will become more negatively charged and the 
adsorption of countericns increases. As the solu-

(1) D. W. Fuerstenau, Sc.D. thesis, Massachusetts Institute of 
Technology, 1953.

(2) A. M. Gaudin and D. W. Fuerstenau, Trans. A.I.M.E., 202, 
958 (1955).

(3) A. M. Gaudin and D. W. Fuerstenau, ibid., 202, 60 (1955).

tion pH is increased, experiments indicate that the 
bulk concentration at which hemi-micelles form is 
lowered.1'2 This points to the probability that a 
certain critical concentration must be reached in 
the Stern layer before the adsorbed aminium ions 
begin to associate.

In the investigation reported in this paper, 
streaming potential techniques were used to study 
the influence of the length of the hydrocarbon 
chain on the zeta potential at neutral pH, the com­
petition between sodium and dodecylammonium 
ions for the surface, and the effect of solution pH 
on the formation of hemi-micelles.

The bulk critical micelle concentration depends 
greatly on the length of the hydrocarbon chain. 
For the acetate salts of primary aminium ions, the 
critical micelle concentration depends on the 
number of carbon atoms in the hydrocarbon chains 
as follows4: C 18, 0.0003 M ; C 16, 0.0008 M ; C 
14, 0.004 M ; C 12, 0.013 M ; C 10, 0.04 M ; C 8, 
very high. If adsorbed aminium ions associate 
into hemi-micelles adjacent to the surface through 
van der Waals attraction between hydrocarbon 
chains, the length of the hydrocarbon chain should 
have a marked effect on hemi-micelle formation.

Since both sodium ions and dodecylammonium 
ions appear to act as indifferent counterions until 
hemi-micelles form with long-chained aminium 
ions, it seems reasonable that they should compete 
for positions in the double layer on the basis of the 
ratio of their bulk concentrations. After hemi- 
micelle formation has set in, adsorption of the long- 
chained aminium ions would be favored because of 
the added attractive force between hydrocarbon 
chains. To study this experimentally, the zeta 
potential of quartz was measured a.s a function of 
the concentration of dodecylammonium acetate in 
water and in sodium chloride solutions.

The influence of pH on hemi-micelle formation 
was investigated further. It seems that if the con­
centration of dodecylammonium acetate is main­
tained somewhat below that necessary ter form 
hemi-micelles at neutral pH, raising the pH of the 
solution should bring about the formation of hemi- 
micelles at the surface because of the increased 
adsorption.

Experimental Method and Materials
The method depends on the interrelation of mechanical

(4) A. W. Ralston, “ Fatty Acids and Their Derivatives,”  John Wiley
and Sons, Inc. New York, N. Y., 1948, Chap. 8.
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and electrical phenomena at solid-liquid interfaces. Stream­
ing potentials are determined by measuring the potential 
difference between the ends of a porous plug of particles 
when liquid is forced through the plug. The zeta potential 
is calculated from streaming potential data by the following 
equation1’5

in which ij is the viscosity, e the dielectric constant, X the 
specific conductivity, E the streaming potential and P  the 
applied pressure difference. In aqueous solutions at 25°, 
the equation becomes

f  =  9.69 X  104 ~  mv. (2)

with E, P  and X being, respectively, the streaming potential 
in millivolts, the driving pressure in cm. of mercury, and the 
specific conductance of the solution within the plug in ohms ~1 
cm .-1. To calculate f , these three variables have to be 
measured experimentally. The apparatus for measuring 
streaming potentials has been described in detail recently.6 
Briefly, the streaming potential apparatus consists of a cell 
assembly in which quartz particles are packed between two 
porous platinum electrodes, a source of purified nitrogen for 
driving solution through the plug of particles, manometers 
and an electrical circuit for measuring E  and X. For E, the 
electrical circuit consists of a potentiometer with a vibrating 
reed electrometer as a null point instrument. For resist­
ances less than one megohm, the specific conductances are 
determined with a Wheatstone bridge utilizing 1000-cycle 
a.c., while for resistances greater than one megohm, a d.c. 
bridge is used. The experimental quantities can be meas­
ured with these pieces of equipment with a total error less 
than 0.5% . However, measurement of streaming poten­
tials with a plug of particles has been shown by Overbeek 
and Wijga7 to yield low values in dilute solutions because of 
surface conductance ■within the plug. Surface conductance 
results from the double layer’s contributing substantially 
to the total conductance within the plug. Since the data 
yield low results in dilute solutions, the zeta potential ap­
pears to increase with increasing concentration of electro­
lyte, although f  may actually be decreasing. With the 
present experimental setup, the zeta potential of quartz 
always calculates to be —70 mv. in conductivity water and 
increases with the concentration of an indifferent electro­
lyte, such as sodium chloride, to a maximum value of about 
— 100 mv. in 6 X  10-5 molar solutions before decreasing to 
zero at high concentrations. This hump in the f-log  C 
curves is unreal. Actually the zeta potential should be more 
like —150 mv. than the calculated value of —70 mv. which 
is obtained from data on quartz plugs in conductivity water. 
At concentrations greater than 6 X  10-5 molar, the value of 
f  determined with plugs is nearly correct. However, keep­
ing the effect of surface conductance in mind, the data still 
can be interpreted satisfactorily.

The quartz used in this research was the 48/65-mesh 
fraction (208/295 microns) obtained from crushing selected 
quartz crystals. The crushed product was leached re­
peatedly in boiling concentrated hydrochloric acid until no 
discoloration of the acid by dissolved iron was observed. 
The quartz was washed with distilled water until the filtrate 
showed no trace of chloride ion. Finally the material was 
washed with and stored under conductivity water. Only 
water with a specific conductance less than 7 X  10-7 ohms-1 
cm .-1 w7as used to make the solutions. All experiments 
were conducted in the absence of carbon dioxide.

All inorganic chemicals were of reagent grade. High 
purity octylammonium, decylammonium, dodecylammo- 
nium, tetradecylammonium and hexadecylammonium ace­
tates were supplied through the courtesy of Dr. H. J. Har­
wood of Armour and Company, Chicago, Illinois.

Experimental Data
Effect of Chain Length on the Zeta Potential.—

Using streamin g potential techniques, the zeta po-
(5) H. R. Kruyt, “ Colloid Science,”  Vol. I, Elsevier Publishing Co., 

New York, N. Y., 1952, Chap. 4 and 5.
(6) D. W. Fuerstenau, to be published in Mining Eng.
(7) J. Th. G: Overbeek and P. W. O. Wijga, Rec. trav. chim., 65, 

556 (1946):

tential of quartz was measured as a function of the 
concentration of hexadecylammonium acetate, 
tetradecylammonium acetate, dodeeylammonium 
acetate, decylammonium acetate, octylammonium 
acetate and ammonium acetate. In Fig. 1 these

Fig. 1.— Effect of hydrocarbon chain length on the zeta 
potential of quartz in solutions, of aminium acetates.

data are presented graphically. The calculated 
value of f  for quartz in water is —70 mv. In solu­
tions of ammonium acetate, f  reaches a maximum 
value of about —100 mv. in solutions containing 
6 X 10“ 5 mole per liter and approaches zero as a 
limit upon further increase in the concentration of 
ammonium acetate. The zeta potential does not 
change sign. However, for long-chained aminium 
acetates, there are sharp breaks in the f-log  C 
curves with the zeta potential becoming positive, 
and these breaks are dependent upon the chain 
length of the aminium ion. As the chain is in­
creased in length, the breaks occur in more dilute 
solutions. Note that octylammonium acetate be­
haves nearly identically to ammonium acetate.

Effect of Sodium Chloride on the Zeta Potential 
in Solutions of Dodeeylammonium Acetate.—  
Two different experiments were conducted with 
sodium chloride and dodeeylammonium acetate 
to study the double layer about quartz. In one 
experiment, the concentration of dodeeylammonium 
acetate was held constant at 10 mole per liter 
and sodium chloride was added to the system. 
The experimental data are presented in Fig. 2. 
In this experiment f  remains constant until the 
concentration of sodium chloride exceeds about 6 X 
10~6 mole per liter and thereafter it is reduced to 
zero as a limit. The slope of the f-log  C curve 
over the straight line portion is 29 mv. per tenfold 
increase in sodium chloride concentration.

In the other experiment the concentration of 
sodium chloride is held constant at 1C1-3 mole per 
liter while the concentration of dodeeylammonium 
acetate in solution is increased. The experimental 
data are also presented in Fig. 2. In the milli- 
molar sodium chloride solutions, the sharp break 
in the f-log C curve does not occur until the solu­
tion concentration of dodeeylammonium acetate is 
about 6 X 10~4 mole per liter, whereas in conduc­
tivity water the sharp break occurs when the 
concentration of dodeeylammonium acetate is 
about 1 X lCU4 mole per liter. For comparative
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purposes, in Fig. 2 the zeta potential of quartz is 
also plotted as a function of the concentration of 
dodecylammoniuin acetate in conductivity water.

Effect of pH on the Zeta Potential in Solutions 
Containing 4 X 10-5 Mole of Dodecylammonium 
Acetate per Liter.— In this series of experiments, 
4 X 10“ 5 mole of dodecylammonium acetate per 
liter was added to the solution initially and the 
pH of the solution was changed with either hydro­
chloric acid or sodium hydroxide. A Beckman pH 
meter was used to measure the pH of the solutions. 
In Fig. 3 the zeta potential of quartz is plotted as a 
function of pH of these solutions. From a pH of 
about 3.7, the zeta potential increases from zero to a 
maximum value of about —115 mv. at pH 9. Be­
tween pH 9 and 10, f  changes from — 115 mv. to 
about + 10  mv. Further increase in pH causes f  to 
become negative again.

Discussion of Results
Surface-inactive indifferent electrolytes reduce 

the value of f  by compression of the double layer. 
The zeta potential cannot change sign by the 
addition of such an electrolyte but only approaches 
zero at infinite concentration. If the counterions 
are attracted to the surface by specific forces in 
addition to simple electrostatic forces between the 
ions and the surface charge, they can reverse the 
sign of f  and are called surface-active indifferent 
electrolytes. As has been mentioned earlier, 
hydrogen and hydroxyl ions are potential-deter­
mining ions for quartz and are responsible for the 
existence of the electrical double layer around the 
quartz surface.

Since the zeta potential only approaches zero as a 
limit at high concentrations of ammonium acetate, 
it can be concluded that ammonium ions function 
only as surface-inactive counter ions.

However, the f-log  C curves for long-chained 
aminium acetates differ from the curve for am­
monium acetate and these differences depend 
upon the length of the hydrocarbon chain of the 
aminium ion. The f-log C curves for aminium 
acetates possess three distinct segments: (1) a por­
tion which follows the curve for surface-inactive 
indifferent electrolytes, (2) a portion where the 
curve breaks sharply and f  becomes positive, 
and (3) a portion where the slope decreases again. 
These three segments have been interpreted in the 
following manner1'2: In dilute solutions, long-
chained aminium ions are adsorbed as individual 
ions. However, as the concentration of aminium 
ions is increased in solution, the number of ions 
in the Stern layer next to the surface is increased 
and once these ions get close enough together, van 
der Waals attraction between hydrocarbon chains 
causes them to associate into hemi-micelles. The 
third segment in the curves at higher concentrations 
appears to be the onset of multilayer adsorption. 
Possibly, since the second layer would not be held 
by coulombic forces, these ions are stripped off by 
the streaming liquid and have a less pronounced 
effect on f. This second break in the curve for 
dodecylammonium acetate corresponds approxi­
mately to monolayer coverage found by de Bruyn 
using tracer and B.E.T. techniques.8

(8) P L. de Bruyn, Trans. A. 1. M . E., 202, 191 (1955).

Fig. 2.—Effect of competition between dodecylammonium 
ions and sodium ions for the surface on the zeta potential 
of quartz.

Fig. 3.— Effect of pH on the zeta potential of quartz in 
solutions containing 4 X  10_5 mole of dodecylammonium 
acetate per liter.

If the forces causing association of aminium ions 
adjacent to the surface are the same as those causing 
association of aminium ions in bulk solutions, 
the bulk concentration which is necessary to give a 
surface concentration great enough for hemi- 
micelle formation at neutral pH should be propor­
tional to the bulk critical micelle concentration. 
The bulk concentration at which hemi-micelle for­
mation begins is taken as the point on the ¿"-log C 
curve where the slope changes markedly from the 
curve for ammonium acetate. With data obtained 
on plugs of particles where surface conductance 
affects the results, it is difficult to ascertain exactly 
where the slope changes. Table I shows the pro­
portionality between the bulk critical micelle con­
centration of the different aminium acetates and 
the bulk concentration required before hemi-mi­
celles form adjacent to the surface.

From this table it can be seen that there is a 
rough proportionality between the bulk critical 
micelle concentration and the concentration re-

r
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T a b l e  I
P r o p o r t io n a l it y  b e t w e e n  t h e  B u lk  C r it ic a l  M ic e l l e

C o n c e n tr a t io n  an d  th e  B u lk  C o n c e n tr a t io n  a t  w h ic h  
H e m i-M ic e lle s  B eg in  to  F orm  N e x t  to  th e  Su r fa c e  a t

No. of 
carbon

N e u t r a l  pH

Ratio of bulk
atoms Bulk concn. C .M .C . to
in the Bulk critical necessary for hemi-micelle

aminium micelle concn. hemi-micelle bulk critical
ion moles/1. formation, M concn.
16 3 X 10 -4 8 X 10"6 100
14 4 X 10 "3 3 X  10~6 130
12 1.3 X 10~2 1 X i o - 4 130
10 4 X 10-2 6 X IO“4 70
8 Very High

quired for hemi-micelle formation at the quartz- 
solution interface. Before this hypothesis can be 
tested more exactly, experiments will have to be 
conducted with a capillary where surface conduct­
ance effects are absent.

When there are only ten carbon atoms in the 
aminium-ion chain, the tendency for hemi-micelle 
formation is a little less than one would predict; 
and for eight carbon aminium ions, the tendency 
to form hemi-micelles at neutral pH seems to have 
disappeared. Before the hydrocarbon chain can 
play a role in adsorption, it apparently must con­
tain more than eight carbon atoms.

Increasing the ionic strength of the solution in­
creases the charge at the solid surface.6 In one 
series of experiments sodium chloride was added 
to a solution containing 10-4 mole of dodecyl- 
ammonium acetate per liter (Fig. 2). After suf­
ficient sodium chloride had been added to increase 
the ionic strength of the solution, f  was then re­
duced to zero at infinite concentration. Since 
the surface charge is increased under these condi­
tions, the adsorption of counterions increases ac­
cordingly. If dodecylammonium ions have any 
special affinity for the surface, the adsorption of 
dodecylammonium ions would have increased. 
Since 10-4 mole of dodecylammonium acetate is just 
at the concentration required for hemi-micelle 
formation at neutral pH, this would have resulted 
in a marked change in f  because of the formation 
of hemi-micelles. Therefore, the experiment indi­
cates that sodium ions and not dodecylammonium 
ions are adsorbed to compensate the increase in 
charge and that dodecylammonium ions have no 
special affinity for the surface in the absence of 
hemi-micelle formation.

The reverse experiment is interesting. In this 
series of experiments, the concentration of sodium 
chloride was held constant at 10-3 mole per liter, 
and dodecylammonium acetate was added to the 
system (Fig. 2). In this experiment, the f-log  C 
curve does not break sharply until the concentra­
tion of aminium salt reaches about 6 X 10~4 mole 
per liter. This can be interpreted on the basis of 
competition between sodium and dodecylammo­
nium ions for sites in the double layer. If the con­
centration of aminium ions in the Stern layer 
must reach a certain value before the aminium ions 
associate into hemi-micelles, the presence of excess 
sodium ions competing with the dodecylammonium 
ions for sites within the double layer would keep 
the concentration of dodecylammonium ions within

the double layer below the minimum concentra­
tion required for association into hemi-micelles. 
Hence, the bulk concentration of dodecylam­
monium acetate must be increased before enough 
dodecylammonium ions are adsorbed for hemi- 
micelle formation to take place.

The solution pH has been shown to play an 
important part in the adsorption of dodecylam­
monium ions at the quartz-solution interface. If 
the addition of dodecylammonium acetate is held 
constant at 4 X  10 ~5 mole per liter (below hemi- 
micelle formation at neutral pH) and the pH is 
changed with hydrochloric acid or sodium hydrox­
ide, the zeta potential changes markedly (Fig. 3). 
As the pH is lowered below 7 with hydrochloric 
acid, f  decreases because of the reduction in the 
total double layer potential tp0. As the piI is in­
creased above 7 with sodium hydroxide, f  increases 
because \p0 is increased. With the increase in 
increased adsorption of counterions takes place to 
compensate the increase in negative charge at the 
surface. Most of the counterions will be dodecyl­
ammonium ions until the pH reaches nearly 10 
since dodecylammonium ions will be' the most 
abundant cations in solution. Because of the in­
creased adsorption, sufficient dodecylammonium 
ions go into the Stern layer to permit them to as­
sociate into hemi-micelles when the pH reaches 9 
and change the sign of f  to positive. Further in­
crease in pH causes f  to become negative again 
because of two factors: (1) competition between
sodium and dodecylammonium ions for the sur­
face, and (2) the formation of free amine at high 
pH. The ratio of the concentration of free amine 
to that of dodecylammonium ions can be calcu­
lated as a function of pH by equation 2.4 
RNH3+ +  OH“ =  RNH2 +  H20 ; K =  4.3 X 10~4 (2)

The solubility of dodecylamine is 2 X 10~6 mole 
per liter.8 In Table II the ratio of the concentra­
tion of dodecylammonium ions to the concentra­
tion of sodium ions is presented as a function of the 
solution pH.

T a b l e  II
C o m pa r iso n  o f  t h e  C o n c e n tr a t io n  o f  So d iu m  I ons an d  
D o d e c y l a m m o n iu m  I ons in  So lu tio n s  to  w h ic h  4  X  lO -5 
M o le  o f  D o d e c yl a m m o n iu m  A c e t a te  H a d  B e e n  A dded

I n it ia l l y

pH
R N H !r

moles/1.
r n h 3 +
moles/1.

Na + 
moles/1.

R N H 3  V N a + 
r a t i o

8 9.3 X  10“8 4 X 10~6 1 X 10~6 40
9 9.1 X  IO“7 4 X 10~5 1 X 10“E 4

10 7.6 X  10-* 3.2 X  10“5 1.1 X 10 -4 0.3
11 2 X  10-* 8.6 X  10“6 1.0 X 10 -s 0.008
12 2 X  10 —8 8.6 X IO“7 1.0 X 10 -2 0.00009

Summary and Conclusions
Aminium salts in sub-micellar bulk concentra­

tions make enormous electrokinetic changes at the 
quartz-solution interface, depending upon the 
length of the hydrocarbon chain. The adsorption 
of these ions seems to take place as individual amin­
ium ions until a certain critical concentration is 
reached within the double layer. At this critical 
concentration, it seems that the adsorbed ions be­
gin to associate into hemi-micelles adjacent to the
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surface. The bulk concentration required to form 
hemi-micelles adjacent to the surface is roughly 
proportional to the bulk critical micelle concen­
tration for the different arnmium acetates. Amin- 
ium ions containing eight or less carbon atoms act 
as surface-inactive counter ions, similar to 
ammonium and sodium ions.

In the presence of a large amount of sodium 
ions, hemi-micelles do not form until the bulk 
concentration of aminium ions is considerably 
greater than the concentration required to form 
them in conductivity water. This is the reverse of 
the effect of a high concentration of sodium chlo­
ride on the bulk critical micelle concentration, in 
which case the bulk critical micelle concentration 
is lowered and not raised. At the quartz surface, 
competition between aminium and sodium ions 
keeps aminium ions out of the double layer until

the bulk concentration of aminium ions approaches 
that of the sodium ions.

Solution pH plays an important role in the for­
mation of hemi-micelles because hydrogen and 
hydroxyl ions are potential-determining ions for 
quartz. An increase in pH aids hemi-micelle forma­
tion because it increases the adsorption of counter 
ions.
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CONDUCTANCES OF CONCENTRATED AQUEOUS SODIUM AND 
POTASSIUM CHLORIDE SOLUTIONS AT 25°
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Precise conductance measurements are reported for aqueous potassium and sodium chloride solutions in the region from 
0.1 N  to saturation at 25°, and values at round concentrations are tabulated.

Introduction
Since the development of the interionic attrac­

tion theory of electrolyte solutions, a tremendous 
amount of careful work has been devoted to the 
conductance of dilute solutions, especially in the 
region below 0.1 mole l._1, but more concentrated 
solutions have been relatively neglected. Thus the 
literature contains no data of modern accuracy for 
even such common salts as potassium chloride and 
sodium chloride at 25° above about 0.2 mole l._1, 
with the exception of Jones’ 3 absolute determina­
tion of the specific conductance of one-demal 
potassium chloride. Since recent theoretical de­
velopments4’6 offer promise of supplying an ade­
quate theory for concentrated solutions, we are 
studying the conductances of some simple salts 
over a wide range of concentration and tempera­
ture, the first results being now reported.

Experimental
Sodium chloride was of analytical reagent quality, dried 

for 24 hours at 400°. Part or the material was further puri­
fied by precipitation with hydrogen chloride gas; the prod­
uct however gave results indistinguishable from those for 
the original material. Potassium chloride was analytical 
reagent material purified by recrystallization from con­
ductance water and similarly dried; fusion was also tried

(1) Electrolytic Zinc Company Research Fellow, 1955.
(2) Chemistry Department, Uriversity of New England, Armidale, 

N.S.W., Australia.
(3) G. Jones and B. C. Bradshaw, J. Am. Chem. Soc., 55, 1780 

(1933).
(4) H. Falkenhagen, M. Leist and G. Kelbg, Ann. Physik, [6] 11, 51 

(1952); H. Falkenhagen and M. Leist, Naturwiss., 41, 570 (1954); R. 
M. Fuoss and L. Onsager, Proc. Natl. Acad. Set., U. S., 41, 274 (1955).

(5) B. F. Wishaw and R. H. Stokes, J. Am. Chem. Soc., 76, 1991 
(1954).

but. gave results identical with the more convenient drying at 
400°. Conductance water was redistilled through Pyrex 
glass from the laboratory distilled water supply and stored 
in polyethylene bottles; at equilibrium with the labora­
tory air it had a specific conductance of 1.2 X  10“ 6 ohm“ 1 
cm .“ 1. Solutions were prepared by weight, usually in 
amounts of about 150 g. so that, the final weight was within 
the capacity of an analytical balance. For occasional larger 
batches of solution, the salts were weighed on analytical 
balance and the final solution on a large balance of sensi­
tivity ~ 5  mg. The amount of salt taken was always such 
that its weight was determinable within 0.005%; where 
more dilute solutions were required, these ■were prepared by 
weight-dilution of more concentrated stocks. Vacuum- 
corrections were applied throughout, and the densities given 
in the International Critical Tables6 were used to compute 
the concentrations in moles per liter given in Tables I and 
II. Conductance cells having cell constants from 0.5 to 
80 cm.“ 1 were employed. They were of Pyrex glass, the 
platinum-to-Pyrex seals being rendered completely tight 
by a layer of “ Araldite”  thermosetting resin on the side 
remote from the solution. The electrode-leads were of 
silver, well separated from each other and from the cell 
filling tubes. The cells were calibrated at 25° using the 
Jones and Bradshaw 1, 0.1 and 0.01 D potassium chloride 
standards,2 retaining the International ohm units in which 
these standards are expressed. The cells were used in an 
oil-thermostat controlled to better than ±0.005° as indi­
cated by a Beckmann thermometer; the actual tempera­
ture was thus constant within these limits throughout the 
work, but may have been as much as 0 .02° different from 
the true 25°, this being the accuracy of the standard ther­
mometer used. However, since the temperature coef­
ficients for the solutions are very similar to those of the 
calibration standards, a negligible error should arise from 
this uncertainty. Two measuring bridges wrere used, the 
earlier one being built up from a calibrated post-office box, 
wdiile later a Leeds and Northrup Jones conductivity bridge 
became available. Both salts were studied w-ith both

(6) “International Critical Tables,” Yol. Ill, McGraw-Hill Book
Co., Inc., New York, N. Y .
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bridges, the results (Table I) being in excellent agreement, 
though those from the Jones bridge are of somewhat higher 
precision. All measurements were made at 500,100 and 
2000 c./s.

Results
The experimental concentrations and equivalent 

conductances are reported in Table I. Large-scale

Table I
Equivalent Conductances op Potassium and Sodium 

Chloride Solutions at 250 
c =  concn. of soln.; A =  equiv. conductance. 
Potassium chloride Sodium chloride

A, Int. ohm 1 A, Int. ohm 1
:, mole 1. -1 mole 1 cm.2 c mole 1. 1 mole 1 cm.2
.. Results using P.O. box bridge (J.M.S. and R.H.S.)
0.14075 126.64 0.15621 103.66

.19141 124.43 .20998 101.36

.28307 121.51 .24584 100.02

.36417 119.7] .33998 97.29
1.5329 108.08 .49935 93.66
2.0000 105.2g .68703 90.26
2.6082 101.72 1.05142 85.12
3.0645 99.08 1.3948 81.02
3.6951 95.37 1.5193 79.65
4.0000 93.46 1.9279 75.41.

2.3793 71.14
2.7439 67.82
3.1431 64.36
3.5037 61.30
4.5199 53.13
5.3540 46.83

B. Results using Jones bridge (J.F.C.)
0.12004 127.67 0.11300 105.91

.14968 126.13 .12452 105.24

.18588 124.58 .18776 102.19

.24678 122.53 .26492 99.41

.32330 120.54 .36091 96.71

.40698 118.81 .46914 94.25

.53211 116.79 .60766 91.60

.66460 115.10 .66232 90.65

.76142 114.03 .74528 89.34

.93485 112.41 .86366 87.58
1.1934 110.35 1.2312 82.87
1.5642 107.87 1.4647 80.215
1.9155 105.74 1.8416 76.277
2.3789 103.07 2.6739 68.445
2.6188 101.70 3.1723 64.088
3.4686 96.72 3.8769 58.228
3.7046 95.29 4.3281 54.622

4.8114 50.882

graphs of deviation-functions of the form x =  
A -f- A\/c were prepared, where the constant A 
is arbitrarily chosen to make the range of varia­
tion of x only a few units of equivalent conductance. 
Suitable values were A =  20 for KC1 and A =  29 
for NaCl. These deviation functions are of course 
without theoretical significance. From the graphs, 
equivalent conductances at rounded concentrations 
were obtained (Table II ). Errors in the tabulated 
values are unlikely to exceed 0.03%.

Comparison with Previous Results.—The data 
of Stearn,7 after adjusting to the Jones and Brad­
shaw standards, show considerable scatter about the 
present results. The results of Shedlovsky8 in the 
region 0.10-0.22 N  NaCl and 0.10-0.12 N  KC1 are 
in good agreement with our results, and were in­
cluded in the deviation-function graphs from which 
Table II was prepared. The standard values of 
Jones and Bradshaw3 for 0.1 and 1 denial potassium 
chloride correspond to A = 128.96 for 0.099692 AT 
KC1 and A = 111.915 for 0.99488 N  KOI, and were 
also used in preparing Table II.

Table II
Equivalent Conductances op Potassium and Sodium 
Chloride Solutions at Round Concentrations at 25°

c A k c i AxaCl C A kci AxaCl

>.l 128.96 106.74 1 . 0 111.87 85.76
.125 127.40 105.21 1.2 110.30 83.26
.15 1.26.11 103.92 1.4 108.92 80.95
.175 125.01 102.74 1.6 107.64 78.77
.2 124.08 101.71 1.8 106.43 76.70
.25 122.43 99.89 2.0 105.23 74.71
.3 121.09 98.37 2.5 102.38 70.02
.4 118.96 95.77 3.0 99.46 65.57
.5 117.27 93.62 3.5 96.54 61.33
.6 115.88 91.73 4.0 93.46 57.23
. 7 114.69 90.04 4.5 53.28
.8 113.65 88.51 5.0 49.46
.9 112.72 87.09 5.350 46.86

Theoretical discussion of the results will be post­
poned until data for other salts and temperatures 
are obtained.

Acknowledgment.—The results reported in Table 
IB were obtained by J. F. C. during the tenure of an 
Electrolytic Zinc Company Research Fellowship, 
for which our thanks are expressed.
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Department of Geochemistry, The Pennsylvania State University, University Park, Pennsylvania
Received February 27, 1956

Kaolinite treated hydrothermally at 300° and 10,000 p.s.i. in the presence of D»0 exchanges hydrogen of hydroxyl groups 
with deuterium as is shown by infrared spectroscopy. The rate of exchange appears to be characterized by two steps: 
one in which the exchange takes place predominantly on the surface hydroxyls. In the other one, a process of diffusion 
is involved to effect exchange in the intralattice hydroxyls.

Introduction
Since the advent of the concept of “ hydrogen 

bonding” considerable attention has been paid to 
the study of the O-H-O group. Further under­
standing of the hydrogen bond is important, espe­
cially in inorganic structures where very little is 
known about its behavior. As a matter of fact, 
most of the information gained on this bond by 
means of infrared methods has been the result of 
investigations with organic compounds.

It is an established fact that the frequency of 
absorption spectra depends on the distances be­
tween the interacting atoms and their masses in the 
particular group. Thus, when hydrogen is sub­
stituted by deuterium shifts in the frequencies of 
infrared absorption spectra are recorded.

This investigation was carried out with the pur­
pose of determining whether or not deuterium 
exchanges for hydrogen in Kaolinite and, if so, 
what is the nature of the shift in frequency of 
absorption of the O-H-O groups.

It has been shown2,3 4 5 that the infrared absorption 
pattern of this silicate has absorption bands due 
to hydroxyl groups, thus investigations of the 
exchange of hydrogen by deuterium in the hydroxyl 
groups may also provide further information on the 
nature of this bond. Previously, this problem has 
been partially investigated by indirect procedures.4 5

Experimental
Materials and Methods.— The <2 p fraction of Kaolinite 

(A. P. I. 4) was separated by the standard sedimentation 
procedure. The relative purity of this mineral was es­
tablished by means of X-ray diffraction. It was also found 
that it gave strong infrared absorption bands characteristic 
of hydroxyl groups.

Small samples of the oven-dried powder mineral were 
packed in envelopes made of silver foil. These envelopes 
were then placed into a small Morey6 bomb containing a 
given volume of D20  (purity 99.5%) calculated to yield a 
pressure of 10,000 p.s.i. at 300°. The closed bomb was 
placed in a furnace with a suitable temperature control, and 
heated at 300 ±  5° for times varying from 3 to 92 hours. 
In all the runs, the D20  concentration, temperature and 
pressure were kept constant; the time of reaction being the 
only variable. At the end of each run the bomb was 
quenched. The deuterated materials were dried at 110° for 
three days.

In order to record the infrared spectra of deuterated 
Kaolinite, potassium bromide discs containing known 
amounts of this material were prepared. From 1.000-g.

(1) Pigments Department, du Pont do Nemours, Wilmington, 
Delaware.

(2) H. Adler, A. P. I. Res. Report 49 (1950).
(3) M. Hunt, M. P. Wisherd and L. C. Bonham, Anal. Chem., 22, 

1478 (1950).
(4) C. D. McAuliffe, L. A. Dean and S. B. Hendricks, Froc. Soil 

Sci. Soc., Am., 12, 119 (1947).
(5) J. A. Faucher and H. C. Tlnmas, Tins J o u r n a l , 59, 189 (1955).
(6) G. W. Morey, Am. Min., 22, 1121 (1937).

mixtures of finely powdered KBr containing 10 mg. of sample, 
0.200-g. portions were withdrawn to prepare the discs. 
The infrared spectrum wrns recorded using the Perkin-Elmer 
double beam spectrometer, Model 21 equipped with a CaF2 
prism at a slow speed using a slit width of 8.4 p.

Results
Exchange of Hydrogen by Deuterium in Kao­

linite.—The infrared spectra of the samples which 
had been treated hydrothermally with D sO showed 
the absorption bands: 3.67, 3.78, and 3.73r (Fig. 1).

0.1 -

0.2

0.3

0.4

0.5
0.6

0.7
0.8
0.9
1.0

2.5 3.0
A, microns.

3.5 4.0

Fig. 1.—O-H and O-D bands of kaolinite treated hydro­
thermally with D20  at 300° and 10,000 p.s.i.

To obtain evidence on the nature of the O-D 
bond, the polarized infrared spectra of oriented 
samples was obtained. To do this, AgCl plates 
containing a thin layer of Kaolinite7 deposited from 
suspensions made with methanol were placed 
tilted at an angle of 45° with respect to the polarized 
beam. The spectra of the O-H and O-D region 
w ere then recorded having the electrical vector (E) 
parallel and then perpendicular to the planes of 
vibration of these bonds. The spectra shown in 
Fig. 2 indicate clearly that by having rotated the 
plane of polarization 90° (from || to _l) one has 
effected a significant change in the absorbances of

(7) The X-ray diffraction patterns showed only the presence of 001 
reflections.
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Fig. 2.— Polarized spectra of the O-D bond stretching region 
of deuterated kaolinite.

the various O-H and O-D bond stretchings. This 
variation in absorbances arises as a result of the 
preferred orientation of the O-D and O-H bonds 
which are obviously along the direction of maximum 
absorbance (i.e.. the O-H, O-D bonds vibrate _L to 
the c-planes). In case all the O-H and O-D groups 
were situated at random in the structure, there 
would be no variations in the absorbances of the 
patterns recorded with the use of polarized in­
frared radiation.8 The ratio of absorbances of 
OH/OD bands obtained with polarized light 
beamed parallel and perpendicular to the planes of 
vibration were found to be the same in both cases.

Although the absorbance of the O-H absorption 
bands decreased as the exchange of hydrogen by 
deuterium increased, it was found that the increase 
in absorbance of the O -D bands was greater than 
the small decrease in absorbance of the O-H band. 
This rather unexpected result complicated the 
calculation of absolute changes in concentration. 
Although the relation of absorbances of the O-H,
O-D bands in this case is not known it was found 
convenient to plot the ratio of integrated areas of 
the absorptions peaks of the O -H /O D  versus time. 
The validity of this is justified on the following 
grounds: (a) the spectra of all runs were scanned 
using the same base line, (b) all of them were ad­
justed to give zero absorption at the zero of the 
scale and (c) particle size and scattering were the 
same in all runs.

The curve in Fig. 3 shows that the hydrogen- 
deuterium exchange increased gradually as the time 
of hydrothermal treatment was increased up to 28 
hours. Therefrom, the rate decreased considerably 
as is indicated by the marked change in slope of the 
curve.

Discussion
The results of this investigation indicate that

(8) To eliminate any adsorbed D*0 the samples of deuterated Kao­
linite were dried in the oven at 250° overnight. No changes either in 
the intensity or the shape of the O-H and O-D  bands were observed.

H3
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o  1.5 ,

as*------ i------1------------ *------------------- 1----- ------- *—
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Hours.
Fig. 3.— The rate of exchange of hydrogen by deuterium 

in kaolinite treated hydrothermally with D2C at 300° and
10,000 p.s.i.

hydrogens from the hydroxyl groups are replaced 
partially by deuterium. This finding was estab­
lished by the appearance of absorption bands 
with peaks at 3.67, 3.70 and 3.73 u which increased 
in intensity as the time of hydrothermal reaction 
was increased.

The improved resolution obtained with the use 
of CaF2 prism allows one to definitely identify O-H 
bond stretchings corresponding to three types of 
hydroxyls with frequencies corresponding to 2.70, 
2.73 and 2.76 ¡±. The shifts in wave length effected 
by the replacement of hydrogen by deuterium in 
the three types of hydroxyls is, in every case, 0.97 fi.

The studies of the O-H and O-D regions with 
polarized infrared radiation show that the vibra­
tional positions of the O-H bands have not changed 
as a result of the exchange of hydrogens by deu­
terium in the various hydroxyl groups. This fact 
is evidenced by the constancy of the ratio of the 
absorbances of the O-H and O-D bands of the 
oriented specimens of Kaolinite when they were 
examined with the polarized beam || and jl with 
respect to the planes of vibration.

It has been shown that in Kaolinite the replace­
ment of hydrogen by deuterium takes place gradu­
ally. The exchange increases as the time of hydro- 
thermal treatment is increased although the rate 
decreases considerably as a function of time. These 
results indicate also that the exchange of the three 
types of hydroxyls follows a definite pattern. 
At present, any quantitative analysis of rates of 
exchange of each one of these groups is not pos­
sible because of the tendency to degeneracy of the 
bands recorded at 2.73 and 3.70 /¿, respectively, 
and thus only parametric estimates (Fig. 2) of the 
over-all rates can be made. The fact that the rate 
of exchange decreases considerably as the time of 
reaction becomes longer can be explained as fol­
lows: (a) most of the relatively rapid rate of ex­
change is effected by surface or exposed hydroxyls 
as is shown by the segment of the curve from 0 to 28 
hours, and (b) the slower rate of exchange recorded 
after 28 hours of reaction is due presumably to a 
process in which the hydrogens of the intralattice 
hydroxyls are exchanged by deuterium by means 
of diffusion.
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THE AMPLITUDE OF VIBRATION OF AEROSOL DROPLETS IN A SONIC
FIELD1

By F r a n k  T. G u c k e r  a n d  G e o r g e  J. D o y l e 2

Contribution A o. 701 from the Chemical Laboratory of Indiana University, Bloomington, Indiana
Received March 5, 1056

We have determined the amplitudes of vibration of droplets of the non-volatile plasticizers Flexol DOP (bis-2-ethylhexyl 
phthalate) and Flexol 3GH (di-2-ethylbutyrate triethylene glycol) at the displacement antinode of a standing sonic field. 
The sonic generator was of the type developed by H. W. St. Clair, employing an electromagnetically-driven bar. The 
measurements were made photomicrographically, covering a range of droplet radii between 0.8 and 3.9 y, at a sound fre­
quency of 4.85 kc./sec. The size of the particles was determined by applying the Stokes-Cunningham law to rate-of-fall 
measurements also determined photomicrographically. The dependence of vibration amplitude on particle radius is given 
within the accuracy of our experiments by the theoretical equation of Sewell, based on an approximate hydroctynamic 
treatment. In the range of our work this equation is nearly the same as that derived by Brandt, Freund and Hiedemann, 
on the basis of a simple interaction between sound field and particle derived from Stokes’s law. These results may prove 
useful to those wishing to apply sonic fields in the study of aerosols, since they show that measurements of particle amplitude 
may be used to determine particle size.

Introduction
The motion of small particles in a sonic field has 

been of interest for many years. Theoretical studies 
have been made by König,3 Sewell4'6 and Brandt, 
Freund and Hiedemann.6 Most experimental work 
has been confined to the use of small particles in 
determining the intensity, wave form or other prop­
erty of sound7-12 or to the verification of a particu­
lar theory of particle motion13; but recently consid­
erable interest has arisen in the application of sonic 
fields to the study and technology of aerosols.6'14-28

(1) This paper is based upon a thesis submitted to the Faculty of 
the Graduate School of Indiana University by George J. Doyle in 
partial fulfillment of the requirements for the degree, Doctor of 
Philosophy, 1952. Further details may be found in this thesis.

(2) Manuscript originally recei\ed January 21, 1955.
(3) W. König, Ann. Physik, [3] 42, 353, 549 (1891).
(4) C. J. T. Sewell, Trans. Roy. Hoc. (London), A210, 239 (1910).
(5) H. Lamb, “ Hydrodynamics,”  6th ed., Dover Publ., New York, 

N. Y., 1945, pp. 659-661.
(6) O. Brandt, II. Freund and E. Hiedemann, Z. Physik, 104, 511 

(1937).
(7) E. P. Lewis and L. P. Farris, Phys. Rev., [2] 6, 491 (1915).
(8) K. Gehlhoff, Z. Physik, 3, 330 (1920).
(9) E. N. da C. Andrade, Proc. Roy. Soc. (London), A134, 445 

(1931).
(10) E. N. da C. Andrade and R C . Parker, ibid., A159, 507 (1937).
(11) R. A. Scott, ibid., A183, 296 (1945).
(12) L. L. Beranek, “ Acoustic Measurements,”  John Wiley and 

Sons, Inc., New York, N. Y., 1949. p. 159-61.
(13) M. Wagenschein, Ann. Physik, [4] 65, 461 (1921).
(14) O. Brandt and E. Hiedemann, Trans. Faraday Hoc., 32, 1101 

(1936).
(15) E. N. da C. Andrade, ibid., 32, 1 1 1 1  (1936).
(16) R. C. Parker, ibid., 32, 1115 (1936).
(17) O. Brandt and E. Hiedemann, Kolloid-Z., 75, 129 (1936).
(18) O. Brandt, ibid., 76, 272 (1936).
(19) O. Brandt, H. Freund and E . Hiedemann, ibid., 77 , 103 

(1936).
(20) E. Hiedemann, ibid., 77, 163 (1936).
(21) H. W. St. Clair, U. S. Bureau of Mines Report of Investiga­

tions No. 3400, p. 51—64 (1938).
(22) H. W. St. Clair, M. J. Spendlove and E. V. Potter, ref. 21, 

No. 4218 (1948).
(23) H. W. St. Clair, Ind. Eng. Chem., 41, 2434 (1949).
(24) H. W. St. Clair, Chapter -4  in “ Proceedings of the United 

States Technical Conference on Air Pollution,”  (ed. L. C. McCabe), 
McGraw-Hill Book Co., New York, N. Y., 1952, pp. 382-387.

(25) E. P. Neumann, C. R. Scnderberg, Jr., and A. A. Fowle, 
ref. 24, Chapter 45, pp. 388-393.

(26) H. M. Cassel and H. Scludtz, ref. 24, Chapter 76, pp. 634- 
042.

In 1946 English started with the senior author to 
investigate the possibility of studying size distribu­
tion in aerosols by measuring the amplitude of vi­
bration of the particles in a sound field. Since we 
could find no experimental data in the literature 
sufficiently precise to allow an evaluation of the 
method, and the theories3-6 for the behavior of 
small particles in a sound field are not exact, the 
junior author in 1947 undertook an experimental 
investigation of the dependence of particle ampli­
tude on particle size. A brief description of our ap­
paratus was given earlier by one of us.27 Recently 
Cassel and Schultz26 have reported preliminary ex­
periments using a considerably different technique 
to determine the sizes of larger particles at lower 
sound frequencies than we employ.

The theoretical expression most appropriate for 
small particles in the sound field of a viscous com­
pressible fluid was obtained by Sewell4'5 from the 
linearized Stokes-Navier partial differential equa­
tion of hydrodynamics, assuming that the fluid is 
isotropic and that the only dissipative mechanism 
is shear viscosity. Although other dissipative 
mechanisms have been discussed by Markham and 
his collaborators,28'29 e.g., heat conductivity and 
lack of thermal equilibrium between translational 
and internal degrees of freedom of the gas mole­
cules, they are negligible under our experimental 
conditions, although not necessarily for other gases 
or other frequencies. Sewell’s complicated equation 
for the amplitude and phase of the particle relative 
to that of the unperturbed sound wave need not be 
reproduced here. However, under certain circum­
stances it becomes equivalent to that which Brandt, 
Freund and Hiedemann6 derived by the use of 
Stokes’ law'

Ap
X\ l + i . 2dcorr ~\ "

9»7 J (1)

Here X v, X t are, respectively, the amplitude of the 
particle and of the unperturbed sound wave, i =

(27) F. T. Gucker, Jr., Proc. 1st Nat. Air Pollution Symp., Stanford 
Research Institute, Los Angeles, California, November, 1949, p. 23-5.

(28) J. J. Markham, Phys. Rev., [2] 86, 497 (1952).
(29) J. J. Markham, R. T. Beyer and R. B. Lindsay, Rev. Mod. 

Phys., 23, 353 (1952).
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V  — 1, d the density of the particle, co the angular 
frequency of the sound wave, r the radius of the 
particle, and rj the coefficient of viscosity of the 
fluid. The absolute magnitude of the amplitude 
ratio is that of the complex number in equation 1, 
and the phase angle of the particle relative to the 
unperturbed sound wave is <5 = — tan-1(2cfar2/9??).

Sewell’s equation reduces to equation 1 when 
the following are much less than unity: (1) the
absolute magnitude of the product of the wave 
number and the radius of the particle, (2) the ratio 
of the density of the fluid to that of the particle, 
and (3) the ratio of twice the kinematic shear vis­
cosity to the product of the angular frequency and 
the square of the particle radius. In the region of 
rapid variation of Arp/X g for aerosols, the first two 
conditions are satisfied in general and the third for 
small values of r. As r increases so does the devia­
tion of equation 1 from that of Sewell, the differ­
ence being about 10% for particles 5 ,u in radius, 
under our experimental conditions.

When equation 1 is used for small particles, 
Cunningham’s correction30 must be applied to ac-

0.03 0.05 0.15 0.30 0.50 1.5 3.0 5.0
Particle radius, in log scale.

Fig. 1.— Amplitude ratio vs. particle radius for several 
sonic frequencies according to Sewell’s theory with Cunning­
ham’s correction for Flexol 3GH particles in nitrogen at 25° 
and atmospheric pressure.

Particle radius in ju, log scale.
Fig. 2.— Phase angle vs. particle radius for several sonic 

frequencies according to Sewell’s theory with Cunningham’s 
correction for Flexol 30H  particles in nitrogen at. 25° and 
atmospheric pressure.

(3 0 )  K . C u n n in g h a m , Proc. R oy. Soc. (London), A83, 3 5 7  (1 9 1 0 ).

count for viscous slip,31 dividing the viscosity by 
the quantity [1 +  (.AL/r)] where A is a constant 
and L the mean free path of the gas molecules. 
Instead of correcting Sewell’s equation by introduc­
ing slip into the boundary conditions of his deriva­
tion, we followed the simpler alternative of applying 
Cunningham’s correction here also. We used the 
value of A =  1.23, corresponding to Millikan’s 
famous watch oil in air with Chapman’s formula for 
A.32 Values of the amplitude ratio and phase 
angle for Flexol 3GH particles in nitrogen at sev­
eral different frequencies, calculated from equation 
1 with the Cunningham correction, are plotted in 
Figs. 1 and 2.

Experimental
Our measurements required a sonic apparatus to deter­

mine the amplitude ratio, a rate-of-fall apparatus to measure 
particle size, and an aerosol generator to produce homo­
geneous aerosols over a considerable range of particle size.

Sonic Amplitude Measurements.—Particle amplitudes 
were determined by measuring photomicrograph tracks of 
aerosol particles at the displacement antinode of a standing 
sound wave, where they are symmetrically affected by sound 
pressure and a given amplitude is obtained with minimum 
sonic energy. Sonic amplitudes were determined by measur­
ing tracks of very small particles which presumably oscillate 
with the full amplitude of the sound.

Figure 3 shows the schematic cross-section of the appara­
tus, mounted rigidly on an L-shaped optical bench. The 
sonic generator A is connected through a horn K to a thin 
observation cell M  where an intense stationary sound field 
is set up. The aerosol is illuminated by a dark-field optical 
system Q, Li, R, L2, mounted on one arm of the bench, 
while the particles are viewed or photographed through 
t he microscope J at the bottom.

Intense illumination from a 4-ampere carbon arc, Q, 
overloaded 50%, is collected by means of a Watson-Conrady 
achromatized aplanat L; ,33 with liquid siliccne between the 
lens elements to withstand the heat. A tube R of 1% 
cupric chloride, 76 mm. long, acts as a heat filter. Using 
the Kohler method of illumination an enlarged image of the 
lamp crater fills the entrance pupil of the microscope con­
denser, L2, which forms a reduced image of the exit pupil of 
the lamp condenser at the region under observation. To 
ensure rigid alignment, the components are mounted upon a 
Bausch and Lomb ultrainicroscope optical bench provided 
with a special microscope mount.

To take advantage of the intense small angle light scatter­
ing of isotropic dielectric spheres, we used an Abbe con­
denser L2 of 1.25 NA (with oil) and a dark-field patch stop 
to give hollow-cone dark-field illumination. Its working 
distance of about 1 mm. in air allows observation farther 
from the cell window than the distance of about 0.03 mm. 
necessary under our experimental conditions34*35 to avoid 
serious wall effects upon the motion of the observed par­
ticles.36 The microscope J used a Spencer 20 X  Apoohrom- 
atic objective of 8 mm. focal length with a Leitz Periplan 
10 X Ocular. A Leitz Micro-Ibso photomicrographic 
attachment (not shown in the figure), with a beam splitter to 
allow visual observation, was modified to use a Rapax 
Synchromatic shutter giving exposures down to 1/400 sec. 
Such short exposures, necessary to avoid blurring the 
image, required the use of Eastman Kodak Company’s 
very fast Linagraph Pan film.

The observation cell M , 1.8 mm. wide, 12 mm. high and 
5 to 10 cm. long, is closed by the plane face of the snugly-

(3 1 ) E . H . K e n n a r d . “ K in e t ic  T h e o r y  o f  G a s e s ,”  M c G r a w -H i l l  
B o o k  C o . ,  N e w  Y o r k ,  N . Y . ,  1938, p p .  2 9 2 -3 1 1 , e s p e c ia lly  p p .  3 0 9 -1 1 .

(3 2 ) E . I I .  K e n n a rd , re f. 31 , p .  147.
(3 3 )  F u rn is h e d  b y  W . W a t s o n  a n d  S o n s , L t d . ,  3 1 3  H ig h  H o lb u r n , 

L o n d o n , W .C .,  E n g la n d .
(3 4 )  H . L a m b , re f. 5, p . 620 .
(3 5 ) P . M .  M o r s e .  “ V ib r a t io n  a n d  S o u n d ,”  1st, e d ., M c G r a w -H i l l  

R o o k  C o .,  N e w  Y o r k ,  N . Y . ,  193 6 , p . 213 .
(3 6 )  A f t e r  o u r  a p p a r a tu s  w a s d e s ig n e d  a n d  b u i l t  f o r  th e  A b b e  c o n ­

d e n se r , w h ich  p r o b a b ly  u tilize s  less  th a n  2 0 %  o f  th e  in c id e n t  l ig h t, 
th e  s u p e r io r  L e itz  D -0 .8 0  d a rk -f ie ld  c o n d e n s e r  b e c a m e  a v a ila b le , 
d e s ig n e d  fo r  o b s e r v a t io n s  in a ir  a t  a  w o rk in g  d is t a n c e  o f  4 m m .
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Fig. 3.— Schematic cross-section of apparatus for determination of amplitude ratio.

fitting rectangular piston N, adjustable by the threaded 
knob 0  to a position an odd number of quarter wave lengths 
from the center of the field of the microscope J. The 
generator can be moved horizontally within a telescoping 
adapter H, by means of an adjusting screw, to establish a 
standing wave system with an antinodal plane in the center 
of the microscope field. Two circular ports, P, P, in 
opposite sides of the viewing cell are closed with discs of 
No. 1 slide cover glass sealed flush with the cell wall. The 
cell length allows y 2 wave length (3.5 cm.) to the right of the 
observation ports and somewhat more than 3/ 4 wave length 
to the left. Its cross-section is determined by the working 
distance and size of the microscope objective and condenser.

The observation cell is connected to the sonic generator 
by a pyramidal horn tapering rapidly from the round cross- 
section of the vibrator to that of an inscribed square, and 
then more gradually to the rectangular cross section of the 
cell. Calculations show that this horn is about 3.6 times 
more efficient than a simple constriction in transmitting 
sonic energy from the generator to the cell. A spe­
cial valve near the viewing ports, closing flush with the 
cell wall, allows rapid introduction of the aerosol sample, 
while a light gravity-loaded relief valve incorporated in the 
horn provides an exhaust port. A solenoid-operated gate 
in front of the bar prevents sound from entering the cell 
until shortly before the film is exposed, thus avoiding un­
necessary sonic coagulation.

Preliminary experiments showed that a Hartmann jet 
ultrasonic generator37 was difficult to control and did not 
give a pure sine wave. A sonic generator of the type de­
veloped by St. Clair38 was then chosen for its ease of control, 
low harmonic distortion and relatively high energy output. 
The vibrating member is a duraluminum bar A, 51 cm. 
long and 3.5 cm. in diameter, with a V-shaped ring project­
ing from its center, held inside a horizontal cylindrical 
case B in a rubber mount to reduce mechanical damping. 
On the right end of the bar is machined a thin coaxial ring C 
which, as shown in the enlarged detail, floats free in the 
magnetic field of an Alnico dynamic-speaker magnet D. 
As the bar vibrates in its fundamental longitudinal mode, a 
signal is picked up capacitatively by the insulated disk C 
of thin sheet copper, slit along a radius. This signal is fed 
into an amplifier, the output of which passes through coil F 
wound on the magnetic pole piece G and induces a much 
larger current in the cylindrical ring C which acts as the 
secondary of a step-down transformer. The alternating

(3 7 )  J . H a r tm a n n  a n d  B . T r o lle ,  J . Sei. Instrum ents, 4, 101 (1 0 2 7 ).
(38) H .  W. S t . Clair, Ren. Set. Inst., 12, 250 (1941).

current reacts with the magnetic field to drive the bar at its 
natural frequency.

An idealized analysis of the electrical driving system of the 
sonic generator and coupling horn shows that it supplies 
about 7%  of the total electrical power to the bar and at 
most 0.4% to the associated air load in an infinite tube of 
equal cross section. Although the efficiency might be 
increased somewhat by various refinements, we estimate that 
it could not exceed about 1%  at the frequency we used.

The electronic circuits of the sonic generator are shown 
schematically in Fig. 4. The signal from the capacitative 
pickup is fed through shielded cable to the input circuit and
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RECTIFIER

PEAK
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INPUT
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DRIVING
COIL

AUXILIARY
AMPLIFIER

CAPACITATIVE
PICK-UP

Fig. 4.— Block diagram of sonic generator.

thence to the preamplifier and auxiliary amplifier. The 
latter operates the peak-reading voltmeter which indicates 
the amplitude of vibration of the bar, and the biased rectifier 
comprising the DAVC (delayed automatic volume control) 
circuit. Whenever the peak output voltage from the pre­
amplifier exceeds the manually adjustable rectifier bias, 
the difference is applied as a negative grid bias to the remote 
cut-off stages of the preamplifier, thus reducing the gain 
and stabilizing the amplitude of vibration of the bar.

Manual adjustment of the phasing circuit brings the 
power from the driving coil to the bar in phase with its 
motion. The driving amplifier converts the 1-sided signal 
to a 2-sided one necessary to drive the class ABi push-pull 
power amplifier, coupled through an output transformer to 
the coil.

The detailed electronic circuit is shown in Fig. 5. The 
input circuit consists of a 1-megohm resistor III attached
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C l— 0.01 
C2,C3— 4 
C4— 0.02 
C5—0.01 
C6,C7— 4 
C8—5-25wxF 
C9— 0.02 
CIO—0.001 
Cl 1— 4 
RI— 1M 
R2—270K 
R3— 150 
R4— 1.5K 
R5— 3.9K, lw
R6— 100, lw 
R7,R8— 15K, lw 
R9— 68K 
RIO—270K 
RII— 68K, lw, wvv 
R12— 4.8K, 2w 
R13— 5K, 10w, ww 
R14— 39K 
R15—27K, 2w 
R16— 150 
VI— 6SH7 
V2— 6AB7 
V3— 6SH7

C12—0.02 
C13—0.01 
C14,C15— 4 
C 1 6 - — 5 —2 5 ^ / i F  

C17—0.02 
CIS—0.001 
C19— 4
C20,C21— 0.001 
C22— 4 
R17— 1.2K 
R18— 1.5K 
R19— 100, lw 
R20—250K (Pot,) 
R21,R22— 15K, lw 
R23—68K 
R24— 270K 
R25— 68, lw, ww 
R26— 4.8K, 2w 
R27—5K, lOw, ww 
R28—39K 
R29— 27K, 2w 
R30—270K 
R31— 150
R32,R33— 4.7K, lw 
V4— 6AB7 
V5— 6J5 
V6— 0SN7

C23— 100W F 
C24— 30mjuF 
C25—0.01 
C26— 4 
C27— 0.01 
C28— 4
C29,C30—0.01 
C31— 50 
C32—4
R34—6.8K, 2w
R35,R30—270K
R37— 470
R38,R39— 27K, lw
R40—470
R41— 12K, 2w
R42—500K (Rheo.), lw
R43— 1M
R44— IK
R45— 22K
R46— 10K
R47—270K
R48—560
R49,R50— 22K
R51—4.7K
V7— 6SL7
V8,V9— 5881

C33—0.01 
C34— 4 
C35—0.02 
C36—0.01 
C37— 4 
C38— 0.02 
C39—0.01 
C40.C41— 4 
G42—0.02 
R52— 15K. 2w 
R53— 270K 
R54— 150 
R55— 1.5K 
R56,R57— 15K, lw 
R58— 68K 
R59— 270K 
R60— 47, lw, ww 
R61— 50, lw, ww 
R62— 75, lw, ww 
R63— 114, lw, ww 
R64— 238, lw, ww 
R65.R66— 15K, lw 
R67— 68K, lw 
R68— 270K 
V10.V11,
V12— 6S1I7 
V13— 6J5

C43—0.01 
C44—5-25/î iF 
C45—4 
C46—0.01 
C47—0.02 
C48..4
C49,C50,C51—0.1 
C52-0.01 
C53—0.05 
R69— 150 
R70,R71— 15K, lw 
R72— 68K 
R73— 270K 
R74— 470
R75,R70—10K, lw 
R77— 100K
R78— 50K (Pot,), 4w, ww
R79— 15K
R80— 10K, lOw, ww
R81— 500K
R82,R83— 100K
R84— 270K
R85—500 K
R86, R87— 27OK
V14—6H6
Y15—0C3

M l— 0-50 microamperes.
T1 Custom-built ultrasonic output transformer (1-60 Kc.) to load: 50, 125, 200, 250, 333, and 500 ohms input impedances.
through a decoupling network, R52, C2, to the B +  supply. 
The input signal from the capacitative pickup appears across 
resistor R1 which is RC coupled to the input tubes V1 and 
V10, ol the preamplifier and auxiliary amplifier, respectively, 
both with very fiat gain curves from 2 to more than 50 kc./ 
sec.

The preamplifier consists of two 2-pentode feedback 
loops, V1-V2, and V3-V4, each consisting of a 6SH7 sharp 
cut-off pentode RC coupled to a 6AB7 remote cut-off 
pentode, the grid of which is connected to the DAVC bias.

The feedback path is from the plate of the 6AB7 to the 
cathode of the 6SH7. Two 3-position switches, SW l, SW2, 
in the cathode circuits, allow a choice of nine gain settings, 
while potentiometer R20 permits continuous intermediate 
variation. Later study showed that the elimination of the 
negative feedback used to stabilize the preamplifier would 
have increased greatly the sensitivity of the DAVC circuit.

The input stage of the auxiliary amplifier employs pentode 
V10 with large cathode degeneration to minimize the effect 
of tube characteristics upon the gain. It is RC coupled to a
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Fig. 6.— Schematic diagram of optical system of rate-of-fall apparatus.
3-tube loop V11-VT2-V13, with feedback from the cathode 
of the final cathode-follower V13 to that of the V I1, and 
various feedback ratios provided by switch SW5 with resis­
tors R60 to 1164. This particular loop was designed to 
provide the very low impedances necessary to drive the non­
linear load of the biased rectifier.

The biased rectifier is one half of the double diode V14. 
An adjustable positive bias is applied to its cathode through 
the voltage divider R78-R79 connected to the VR tube, VI5. 
The difference between this bias and the negative peak 
output voltage of the auxiliary amplifier appears by recti­
fication V6 across R77 and 5/ 6 across R81, this fraction 
passing through the RC filters, R8I-C49, R82-C50, R83-C51 
to appear as negative grid bias on the remote cut-off stages 
of the preamplifier. Theoretically a 10% change in the 
air load of the bar would cause less than 1% change in the 
amplitude of its vibration under all experimental conditions.

The peak-reading voltmeter utilizes the second half of the 
tube V14. A d.c. voltage equal to the peak positive output 
of the auxiliary amplifier appears across R84-M1-R85. 
The deflection of meter M l therefore serves to monitor the 
generator.

The phasing circuit consists of a phase-inverting tube V5, 
driving a double cathode follower V6, the low output 
impedances of which act as two arms of the phasing bridge, 
of which R.42 and C23 or C24 are the others. The switch 
SW3 provides an additional 180° phase shift.

The two-stage driving amplifier utilizes the double triode 
V7. The first is a cathode follower with a high input 
impedance which produces minimum interference on the 
phasing circuit which feeds it, and the second a standard 
phase-inverter connected to the push-pull power amplifier, 
utilizing two 6L6 or 5881 tubes, V8 and V9, in class ABi 
operation. This combination, with a suitable output 
transformer, can furnish up to 20 w. of electrical energy to 
the bar.

Rate-of-fall Apparatus.— In order to study many particles, 
we took photomicrographs of a relatively large field under 
dark-field illumination for a known time and calculated the 
velocity from the track lengths. The apparatus is shown 
in Fig. 6. Using Kohler illumination, a 1 X 8 mm. image 
of the rectangular slit is formed in the center of the observa­
tion cell, to match the field of view of the microscope objec­
tive. The concave mirror beyond the cell relocuses the 
light upon the slit image to increase its illumination.

The observation cell, 6 X 19 mm. in cross section and 19 
cm. long, is water-jacketed like the differential settler of 
LaMer and Sinclair.39 Three circular ports 51 mm. from 
the bottom are closed with Vu in. (1.6 mm.) glass windows. 
The two illumination ports are 22 mm. in diameter and the 
viewing port, 16 mm. in diameter, is perpendicular to the 
others and faces a cylindrical light trap, 3 mm. deep. A 
brass inlet tube entering the top and an outlet tube extending

(39) D. Sinclair, Chapter 8 in “ Handbook on Aerosols/' Publ. 
U. S. Atomic Energy Commission, Washington, D. C., 1950, pp. 102 li.

to the bottom of the cell are closed at the lower ends by 
spring-loaded needle valves operated by wires passing 
through small tubes. The inlet tube supports the cell 
inside a covered water jacket 83 mm. in diameter, with 
matching windows. A glass propeller drives water down 
toward the bottom of the jacket and circulates it vigorously 
enough to ensure temperature equilibrium and reduce 
convection currents to less than 10 p/sec. The cell is 
mounted on a plywood heat insulator backed by a brass plate 
with three leveling screws carried on the optical bench 
supporting the microscope. To minimize stray light the 
cell and the interior ot the jacket are painted with optical 
black lacquer, protected from the water with a coat of clear 
Tygon plastic varnish which does not reflect light since its 
index of refraction is very near that of water. The photo­
micrographic system has a total magnification of 6.7 X •

Originally, a manually-actuated electric timer with a 
ten-second sweep dial was used to measure the time the 
camera shutter was open, hence the time of fall. Later, a 
more accurate photoelectrieally-actuated counting chrono­
graph was used to measure the time the shutter in the illumi­
nating light beam was open. Light from the beam splitter 
falls onto a phototube which controls a Model 1000 Berkeley 
scaler. The exposure time in milliseconds is obtained by 
counting the cycles from a Hewlett-Packard Model 200C 
audio oscillator set at 1.000 kc./sec., by comparison with 
the 600 c.p.s. modulation of station WWV's carrier wave. 
Stokes’s law with Cunningham’s correction is used to deter­
mine the radius of the aerosol droplets from the velocity v 
and other quantities previously defined, by the equation

r =  r s [ V  1 +  i 2 — x ]  (2)

where the Stokes radius rs =  %v/2g{d — do), and x =  
AL/2r$. Actually
r =  rs [1 -  (TL/2rs)] =  r8 -  A L/2  =  rs -  0.038 M

(3)
The chief sources of error in the measurement of particle 

size are: (1) convection currents in the observation cell, 
which are minimized by its design, and (2) evaporation of 
the droplets when the aerosol is diluted about 40-fold before 
being injected into the cell, which depends upon the vapor 
pressure of the aerosol material and the dilution ratio. 
Assuming that the vapor behaves ideally and equilibrium 
conditions are maintained

r
n

1 \ 3 M y  ~| 'A
no/ iirrAdliT \ ( T )

where n, r, n0, n are, respectively, the radii and number of 
particles per cc. before and after dilution, M  is the molecular 
weight of the vapor, d the density of the particle, p its 
vapor pressure at absolute temperature T, and If the gas 
constant.

We used two aerosol materials: bis-2-ethylhexyl phthalate 
(Union Carbide and Carbon Corporation “ Flexol”  plas-
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tioizer DOP), and di-2-ethyl butyrate triethylene glycol 
( “ Flexol” plasticizer 3GH). Application of the Clausius- 
Clapeyron equation to vapor pressure data for pure bis-2- 
ethylhexyl phthalate (Octoil) at low pressures,® gives at 
25° a vapor pressure of 1.48 X 10“7 mm. (95% confidence 
limits estimated 1.02-2.14 X 1(R7), agreeing with extrapo­
lated values found in the literature.40 41 For Flexol 3GH, ex­
trapolation from recorded boiling points under reduced pres­
sure gives at 25° a vapor pressure of 2 X 10-5 mm. (95%  
confidence limits estimated 6 X 10 ~7 to 5 X 10 ~4). Taking 
the upper limits for the vapor pressures at 25°, initial con­
centrations of 5 X 106 particles per cc., and a 40-fold dilution, 
we find that aerosols of DOP must exceed 0.03 and those 
of Flexol 3GH about 0.4 ¿t radius to avoid more than 5%  
decrease in radius on dilution. Evaporation probably 
caused some erratic results in preliminary experiments with 
small aerosols of 3 GH. In later work this material was 
used only for particles of 1.5 m radius or larger, and DOP 
was used for all smaller ones.

Aerosol Generator.—To obtain homogeneous aerosols for 
several hours at a time in the range 0.5 to 5.0 n, we built a 
LaMer-Sinclair generator42 43 44’”  of Pyrex glass, modified to 
minimize heat loss, prevent local overheating, and allow 
accurate temperature control. Preheated air passes through 
a sintered glass bubbler near the bottom of a cylindrical 
saturator tube, the temperature of which is regulated by 
means of a thermocouple connected to a Brown circular- 
chart recorder and controller. Eight other iron-constantan 
thermocouples monitor the temperature at various points. 
Nuclei are supplied by sintered sodium chloride on a coil of 
platinum wire, heated by a carefully adjusted current. 
The concentrated aerosol stream lrom the generator is 
diluted with gas in a venturi orifice, beyond which large 
radii of curvature and moderate flow velocities reduce the 
loss of particles through impingement. Positive pressure 
is maintained within the generator, and the outlet streams 
are connected to a rotary suction pump to maintain a regular 
flow.

The generator, originally designed to produce 8 1. per 
min. of sulfur aerosol containing a million particles per cc., 
each 5 m in radius, easily handled the more volatile aerosol 
materials used in this research. Our first attempt to pro­
duce concentrated aerosols larger than 1 radius showed 
that materials like DOP and oleic acid decompose extensively 
in air, hence we substituted filtered nitrogen, except in the 
aerosol diluting stream. Later we found “ Flexol”  3GH 
available in 98.5 +  %  purity and satisfactorily stable. 
From distribution curves given in a progress report by 
LaMer, et al.,u we estimated the standard deviation of the 
output of his improved generator at 16% of the radius for a 
0.45/i DOP smoke, which is about that measured during the 
course of this work for much larger aerosols.

Procedure.— Initially, the image of the slit was centered 
within the observation cell of the rate-of-fall apparatus, 
which was leveled to make the focal plane of the microscope 
vertical and bring the region of sharp focus comnletely 
within the illuminated volume. Few readjustments were 
necessary. The apparatus was brought to a steady state 
over a period of 1.5 to 2 hr. while the generator was adjusted, 
by varying the flows and particularly the temperature, to 
produce particles of the desired radius at a concentration 
of about 5 million per cc. Approximate radii were deter­
mined by timing with the manually-operated clock the fall of 
several particles across a slit in the focal plane of the ocular 
in the rate-of-fall microscope. The amplifier gain of the 
sonic generator was set at about twice that required to 
maintain oscillation at optimum phasing, and the DAVC 
potential was adjusted to maintain the output meter at a 
point where tobacco smoke particles showed a sonic ampli­
tude of 50^.

During a typical experiment a five-foot strip of film was

(40) P. A. Small, K. W, Small and P. Cowley, Trans. Faraday Soc., 
44, 810 (1948).

(41) S. Duahman, "Scientific Foundations of Vacuum Technique," 
John Wiley and Sons, Inc., New York, N. Y., 1949, p. 222.

(42) D. Sinclair and V. K. LaMer, Chem. Revs., 44, 245 (1949).
(43) V. K. LaMer and S. Hochberg, ibid., 44, 341 (1949).
(44) J. Benedict and G. G. Coyer, "Investigation of Par ticle Size 

by Differential Settling,”  Part B, Progress Report No. 5 by Central
Aerosol Laboratories, Columbia University, to Air Force Materiel 
Command for Contract AF-19(122)-1 fi4 (Director: Prof. V. K. La­
Mer), 1 December 1950-28 February 1951, Curve A, Fig. 4.

exposed in the following sequence: two rate-of-fall frames; 
two of tobacco smoke in the sound field; sequences of four 
samples of the aerosol and one ot tobacco smoke in the sound 
field; two frames of tobacco smoke in the sound field; 
and finally two rate-of-fall frames. The film was developed 
in a standard manner, with EKC D-19, immersed for one 
minute in EKC stop-bath SB-5 to minimize swelling of the 
gelatin, and finally rinsed for one minute in EKC Photoflow 
before drying. The film was placed in a Recordak film 
reader and the tracks measured with a rule graduated in 
mm. The scale of amplitudes was arbitrary, since only 
ratios were needed; but the optics of the rate-of-fall appara­
tus were calibrated by photographing a slide micrometer 
scale placed in the object space, and projecting this photo­
graph on the Recordak screen. The data consist of the 
initial and final samples of the radius distribution, with 
intermediate samples of the amplitude distribution and spot 
checks of the sound amplitude from the photographs of 
tobacco smoke.

Results and Conclusions
Consideration of experimental errors (including 

track length, film and optical resolution, Brownian 
movement and measurement of time with the 
counting chronograph) led us to estimate the stand­
ard deviation in the radius as about 1% from 5 to 1 
/i, increasing to 2% at 0.5 p; and that in the ampli­
tude as about 2% near 2 p, rising steeply to 5% 
at 1 p, and more gradually to the same value at 4.6 
p. The sonic amplitude is extremely sensitive to 
small changes in the acoustic characteristics of the 
gas if the vibrator is at a displacement node, but a 
series of alternate photographs of tcbacco smoke in 
air and very fine Flexol 3GH particles in nitrogen 
showed no appreciable difference in amplitude in 
these two media. Sonic coagulation should be negli­
gible at a sonic energy so far below that used for 
coagulation22; so also should be any systematic 
error due to the temperature rise of about 0.5° due 
to adiabatic compression, since the temperature 
antinodes are one-quarter wave length from the 
displacement antinodes, with little time available 
for heat transfer to the aerosol particles.

We could not study the vibration amplitude and 
rate of fall of the same aerosol particles or even of 
samples taken simultaneously from the generator; 
hence we measured many particles in each case, and 
correlated their average behavior. We investigated 
some of the rate-of-fall data, which supplied far 
larger samples than the amplitude ratios, using the 
chi-square statistical test45 to see if the distribution 
of radii was normal according to r or r2. The lat­
ter might be expected from the prediction of How- 
ward Reiss46 that the rate of change of r2 is a func­
tion of time alone for the growth of uniform col­
loids. The chi-square test slightly favored the 
normal distribution of r2, but the standard devia­
tion is so small that the distribution is approxi­
mately normal according to r. For convenience we 
assumed this distribution and used appropriate 
small-sample statistics. We calculated the means 
and variances of the four rate-of-fall frames and re­
jected ten of the final twenty-one experiments in 
which the second and third of these gave values of 
F and Student’s t falling outside the region of 95% 
probability. For all satisfactory experiments, we 
determined the means of the two rate-of-fall sam-

(45) M. O. Kendall, “ The Advanced Theory of Statistics,”  3rd 
ed., Vol. 1, Charles Gridin, London, 1947, Chapter 12, “ Ohi-Rquared 
Distribution.”

(46) IT. Reiss, J. Chem. Chy*., 19, 482 (1951).
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Radius, microns.
Fig. 7.— Graph showing fit of correlated means to Sewell’s theory with Cunningham’s correction, the rectangles indi­

cating 95% confidence intervals.

pies and of all the amplitude ratios, and calculated 
95% confidence intervals for each variable. Figure 
7 is a plot of the correlated means enclosed with 
rectangles indicating these confidence intervals. 
The solid curve represents Sewell’s expression with 
Cunningham’s correction for the amplitude ratio 
as a function of radius.

Table I compares the mean observed amplitude 
ratios with those calculated from the mean rate-of- 
fall particle radii. A least-squares solution gave as 
the best linear equation for the experimental ratio 
as a function of the theoretical

j^-p| =  -  0.01 +  1.00 |fp[ (5)
l A g i e x p t .  | A g |th.

A graph of these results is shown in Fig. 8. Since 
the 95% confidence limits of the intercept and slope 
are, respectively, ±0.15 and ±0.22, these results 
fit Sewell’s expression within the limit of accuracy 
of the experiments. The value of 0.074 for the 
standard deviation of the experimental points from 
the straight line indicates the operation of random 
factors not included in the estimate of errors meas­
ured by the 95% confidence limits. Although 
nearly half of the final experiments were discarded 
because of changes in the generator output, we

T a b l e  I
C o r r e l a t io n  o f  E x p e r im e n t a l  an d  T h e o r e tic a l  

A m p lit u d e  R a t io s “
Experi­
ment
no.

Mean radius 
obsd.

Mean amplitude ratio 
Obsd. Caled.

85 0 .8 4  ( ± 0 . 0 2 ) 0 .9 7  ( ± 0 . 0 2 ) 0 .9 5
87 1 .1 4  ( ± 0 . 0 3 ) .99 ( ± 0 . 0 1 ) .89
88 1 .3 2  ( ± 0 . 0 4 ) .72  ( ± 0 . 0 5 ) .83

105 1 .4 4  ( ± 0 . 0 7 ) .84  ( ± 0 . 0 2 ) .78
107 1 .7 2  ( ± 0 . 0 1 ) .52  ( ± 0 . 0 2 ) .65

95 1 .91  ( ± 0 . 0 4 ) .51 ( ± 0 . 0 3 ) .58
96 2 . 4 4 ( ± 0 . 15) . 43 ( ± 0 . 0 3 ) .47
97 2 .4 6  ( ± 0 . 0 6 ) .37  ( ± 0 . 0 5 ) .46
99 2 .8 8  ( ± 0 . 0 7 ) .33 ( ± 0 . 0 3 ) .31

100 3 .4 1  ( ± 0 . 1 8 ) . 32 ( ± 0 . 0 3 ) .24
102 3 .8 9  ( ± 0 . 2 1 ) . 19 ( ± 0 . 0 8 ) .19

" The figures within parentheses define the 95%, confidence 
interval.

THEORETICAL AMPLITUDE RATIO.
Fig. 8.— Graph showing fit of our data to a least-square 

linear equation connecting experimental and theoretical 
amplitude ratios.

suspect that these irregularities are chiefly responsi­
ble for the spread of the results. The behavior of 
the generator might be improved by better tem­
perature control of the bubbler and nucleator, or 
some method of reducing the thermal decomposi­
tion of the bulk aerosol material, by feeding it 
slowly into the generator.

This work shows that the measurement of sonic 
amplitude may be applied to the study of aerosol 
particle size. The severest restriction of the present 
apparatus is the small number of particles photo­
graphed per exposure, due to the extremely small 
volume, about 10“ 6 cc., under observation in the 
cell. Also, much time is required to process the 
film, read and interpret the data,. Further experi­
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mental development is under consideration in our 
laboratory. Measurements might be made more 
rapidly in an aerosol stream which flowed through 
the cell without disturbing the sound field; e.g., 
through quarter-wave stubs terminating in low 
acoustic impedances in the inlet and outlet stream. 
By putting in the optical path a neutral light filter 
of linear gradient to vary the illumination along 
the direction of sonic motion, a phototube which 
viewed a particle moving rapidly across the cell 
would deliver an output signal of sonic frequency, 
with an amplitude proportional to that of the par­
ticle. A narrow band-pass amplifier to enhance 
the signal-to-noise ratio could be used in conjunc­
tion with a rapid electronic circuit to obtain com­

bined particle count and size distribution, while the 
phase lag of the particle also could be studied with a 
rapid electronic phase meter, and correlated with 
the amplitude ratio as a further test of Sewell’s 
theory and another method for determining particle 
size.
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THE REACTIONS OF FERROUS VERSENATE AND FERROUS 
PYROPHOSPHATE WITH CUMENE HYDROPEROXIDE1

B y  W. L. R eynolds2 and  I. M. K olthoff

School of Chemistry, University of Minnesota, Minneapolis, Minnesota
Received March 5, 1956

The rate constants of the reactions between cumene hydroperoxide and ferrous Versenate and ferrous pyrophosphate have 
been determined under various experimental conditions. The rate constant of the former reaction was 5.0 X 1010 exp- 
( —10,400/727’) liter mole“ 1 sec.-1 and was independent of pH over the range 3.7 to 10.3. The rate constant of the latter 
reaction was 2.0 X 10s exp( — 8200/722’), 2.7 X 109 exp(—8900/722’), and 1.6 X 109 exp ( — 8400/7227) liter mole-1 sec.-1 at 
pH 4.8, 6.8 and 8.8, respectively. The stoichiometry observed in the presence and absence of acrylonitrile suggests that a 
termination reaction between polymer free radicals and the ferrous complex can occur at low concentrations of reactants. 
In the presence of monomer the main products of reaction at low reactant concentrations are the ferric complex, acetophenone 
and polymer.

Although the reactions between aquo ferrous iron 
and various organic hydroperoxides have received 
some attention very few investigations have been 
made of the reactions between complexed ferrous 
iron and organic hydroperoxides. Orr and Wil­
liams3 have studied the reactions between poly- 
ethylenepolyamine complexes of ferrous iron and 
cumene and p-butylcumene hydroperoxides. 
Boardman4 has reported on the reaction between 
potassium ferrocyanide and cumene hydroperoxide. 
From a polymerization viewpoint a knowledge 
of the kinetics and mechanisms of the reactions of 
ferrous Versenate and ferrous pyrophosphate with 
organic hydroperoxides is important since these 
reactions are frequently employed to supply free 
radicals for the initiation of polymerization in 
emulsion polymerization systems.

Experimental
Determination of Rate Constants.—The rate of disap­

pearance of the ferrous complex was determined by measur­
ing its diffusion current at a rotated platinum wire electrode 
during the course of the reaction. This diffusion current 
was found proportional to the concentration of the ferrous 
complex. The diffusion current of the complex iron(II) was 
measured at a potential where a film of oxide is formed on the

(1) This work was carried out under the sponsorship of the Federal 
Facilities Corporation, Office of Synthetic Rubber, in connection 
with the Synthetic Rubber Program of the United States Government.

(2) From a thesis submitted by W. Reynolds to the University of 
Minnesota in partial fulfillment of the requirements for the degree of 
Doctor of Philosophy, June, 1955.

(3) (a) R. J. Orr and H. L. Williams, Disc. Faraday Soc., No. 14, 
170 (1953); (b) J. Am. Chem. Soc., 76, 3321 (1954).

(4) II. Boardman, ibid., 75, 4268 (1953).

electrode.6 When the current voltage curve is measured with 
a self registering apparatus the film formation is character­
ized by a wave with an apparent limiting current (see curve 
1 of Fig. 1). Film formation is also responsible for the dis­
torted shape of the current-voltage curve of the complexed 
ferrous iron (curve 2, Fig. 1) when measured with a polaro- 
graph. Upon subtraction of the residual current a diffusion 
current plateau was observed as is evident from curve 3 in 
Fig. 1. Film formation did not interfere with the kinetic 
measurements when a potential was applied at which the 
film was formed and the limiting current of iron(II) was 
measured. The current caused by film formation rapidly 
decays with time.5 Thus upon measuring a current-time 
curve the current is found to decrease rapidly to the value 
of the diffusion current of iron(II).

The apparatus employed has been described elsewhere.6 
Complexing agent was added to the buffer solution in the 
electrolysis cell, the solution deaerated, a known quantity 
of ferrous iron added and a potential of +0.7  v. vs. the sat­
urated calomel electrode (S.C.E.) applied to the electrode. 
After the limiting current had decreased to a constant value 
(the diffusion current of the iron(II)) a known quantity of 
air-free standard cumene hydroperoxide(CHP) solution was 
injected into the electrolysis cell. A typical current-time 
curve obtained after addition of CHP is shown in Fig. 2.

From the value of the Fe(II) diffusion current before CHP 
addition and the known concentration of the ferrous com­
plex the value of ii/r  for the electrode could be calculated. 
An excess of ferrous iron was always used and from the value 
of the Fe(II) diffusion current at the end of the reaction the 
final Fe(II) was calculated. Hence the stoichiometry of the 
reaction was readily determined.

The rate equation
Hr
xt =  A‘o((Fe)o — nx.) (720 — .r) (1)

(5) I. M. Kolthoff and N. Tanaka, Anal. Chem., 26, 632 (1954).
(6) I. M. Kolthoff and W. L. Reynolds, Disc. Faraday Sac., No. 17. 

167 (1954).
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total concentration of Fe(II), 7?0 is the initial concentration 
of CHP, x is the decrease in CHP concentration at time t, 
h  is the observed rate constant, and n is the stoichiometric 
factor and was found equal to unity or two depending upon 
the experimental conditions. At the concentration levels 
employed for the measurement of h ,  n  was equal to two in 
the ferrous Versenate-CHP and ferrous pyrophosphate- 
CHP reactions when acrylonitrile (AcN) was present and in 
the ferrous pyrophosphate-CHP reaction when monomer 
was absent. Rate measurements were not made for the fer­
rous Versenate-CHP reaction in the absence of monomer. 
In the ferrous pyrophosphate-CHP reaction n was approxi­
mately unity when methyl methacrylate (MMAc) was 
present. Integration of equation 1 and substitution of

((Fe)0 -  nx) =  (Fe(II)) =  Kid where K  =  (Fe)„/(id)„, 
x =  ((Fe)o — Kid)/n

and
((Fe)o — nRt>) =  K (id )„

gives equation 2

ht = 2.30
K{id)a log 7 (id).

, nR0 )
logim \ ( 2 )

where id designates a diffusion current. A plot of log 
[id/id — (id)«,] vs. t as in Fig. 3 gave a straight line in all 
cases, the slope, s, of the line being A0A(id)«,/2.3O. The 
observed intercept in all cases was in good agreement with 
the calculated value of log ((Fe)o/ni?0). Therefore equation 
2 was found to be valid and the rate constant, h , was cal­
culated from h  =  2.30s/X(ia)«,.

Determination of Stoichiometry.— Since the final concen­
tration of iron was determined as described and the initial 
CHP concentration was known the stoichiometry was readily 
determined.

Determination of Acetophenone.— Acetophenone is one of 
the reaction products formed. When the concentrations 
of the reactants were sufficiently high (ca. 10-3 M) the aceto­
phenone formed from the CHP was determined polaro- 
graphically with a dropping mercury electrode in alkaline 
medium. The total current measured at —1.7 v. vs. S.C.E. 
was corrected for residual current and the diffusion current 
of the ferric complex to yield the diffusion current of aceto­
phenone. By adding known quantities of acetophenone to 
the electrolysis cell and measuring the increase of diffusion 
current the concentration of acetophenone in the reaction 
mixture could be calculated.

When the initial concentration of CHP was too low (ca. 3 
X 10_5Af) to permit direct determination of the acetophe­
none concentration in the reaction mixture with a dropping 
mercury electrode two other methods of analysis were em­
ployed. One method, applicable when monomer was ab­
sent, consisted of the extraction of acetophenone with spec- 
trophotometric grade isofictane followed by spectrophoto- 
metrie determination of the extracted acetophenone. One 
hundred ml. of reaction mixture was taken; the initial Fe(II) 
and CHP concentrations were 10 and 2.5 X 1 0 M , re-

Fig. 3.— (Fe)o =  9.90 X 10“s M ; R„ =  2.47 X 10“5 M ;
AcN =  0.15 M ; pH 10.0; 0.0°.

spectively. This solution was divided into four equal parts 
and acetophenone was added to increase its concentration 
by 0, 2.5, 5.0 and 7.5 X 10-5 M , respectively. Each part 
was extracted thrice with 12.5-ml. portions of isoôctane and 
the three portions combined. The absorbances of the re­
sulting four isoôctane solutions were measured with respect 
to the pure solvent at 238 m^ in quartz cells with a Beckman 
DU spectrophotometer. These absorbances were corrected 
for the absorbance of a blank obtained by extracting a re­
action mixture containing no acetophenone. The absorb­
ance-acetophenone concentration plot gave a straight line. 
Hence the acetophenone concentration in the reaction mix­
ture could be calculated. Appropriate blank experiments 
showed that acetophenone was completely extracted from 
simulated mixtures by the above procedure. The other 
method, applicable when acrylonitrile was present, consisted 
of the extraction of acetophenone with benzene so as to con­
centrate the acetophenone followed by the polarographic 
determination of the acetophenone in a non-aqueous solu­
tion. Three hundred ml. of reaction mixture was prepared. 
The initial concentrations of Fe(II), CHP and AcN were 
1.17 X 10-4, 4.90 X 10-6 and 0.01 M , respectively. This 
solution was extracted twice with 15-ml. portions of benzene
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by vigorous shaking for 15 minutes, separation of phases 
with a centrifuge and collection of the organic layer in a 
small separatory funnel. The two benzene portions were 
combined, 15 ml. added to 15 ml. of absolute ethanol con­
taining 0.2 M  tetraethylammonium chloride and 0.005% 
gelatin in an electrolysis cell and the current-voltage curve 
determined. In this medium the diffusion current region 
of acetophenone began at about —1.84 v. vs. SCE. The 
diffusion current was determined at —1.9 v. vs. S.C.E. 
The error in the analysis was at least ± 1 0 %  since, in the 
presence of AcN, a large reduction current began at about 
— 1.9 v. vs. S.C.E. and interfered with the determination. 
The residual current at —1.9 v. vs. S.C.E. was determined 
by extracting a simulated' reaction mixture without aceto­
phenone present and determining the current-voltage curve 
after addition of organic phase to ethanol as described above. 
Appropriate blank experiments in the absence of AcN 
showed that the acetophenone in simulated reaction mixtures 
was about 100 ±  10% recovered by this method.

Determination of Methanol.— One hundred ml. of reac­
tion mixture containing 0.070 M  Fe(II) and 0.018 M  CHP 
initially was extracted with three 25-ml. portions of benzene 
to eliminate acetophenone. Sufficient sodium hydroxide 
was added to give an alkali concentration of approximately 
0.1 M . This solution was divided into four equal parts and 
methanol was added to give a concentration of 0, 0.5, 1.0, 
and 1.5 mil/, respectively. Each part was separately dis­
tilled to dryness under reduced pressure, the distillate di­
luted to volume in a 25-ml. volumetric flask, and tested for 
methanol by a procedure which already has been described.7 
The absorbance, measured at 570 m/j against a reagent blank, 
was plotted vs. added methanol concentration. The result 
was a straight line which passed through the origin showing 
no measurable quantity of methanol present in the reaction 
mixture. Thus, methanol was not a reaction product in the 
above experiment. Appropriate blank experiments showed 
that methanol was not measurably extracted from simulated 
reaction mixtures by the benzene extraction.

Determination of Gas Evolution.— High concentrations 
(ca. 0.05 M) of reactants were used to secure gas evolution. 
Helium was used for deaeration purposes since nitrogen in­
terfered in the mass spectromet.ric analysis for ethane in the 
gas evolved. The gas was collected over the reaction mix­
ture and its volume determined. Since the main gaseous 
component was ethane the small amount of water vapor 
present did not interfere with the analysis.

Results
Stoichiometry.— The results of determinations 

of stoichiometry of the ferrous Versenate-CHP 
reaction at different />H and temperature values 
in the presence of AcN are given in Table I. It is 
seen that the reaction ratio, R, defined as the

T a b l e  I
T he  R e a c t io n  R atio  o f  th e  F e r r o u s  V e r s e n a t e -C H P  

R e a c t io n  as  a  F u n ctio n  of p H  an d  T e m p e r a t u r e

0.1 M  AcN present in all cases; p =  0.1.

pH i°,C.
(CHP), X 

10=, M
(FeY-)o X 

10=, M
R =  A (F eY -)/ 

A(CHP) na
3.72 25.0 1 3-2.5 2.5-10 2 00 ±  0.13 8
5.36 25.0 1.3-5 .0 2 3-10 1.98 ±  0 .15 11
5.36 0 .0 2.4 4.5-10 1.92 ±  0.12 6
8.40 25.0 2.4 4.5-10 1.87 ±  0.09 10
8.80 25.0 2.4 4.5-10 1.98 2
9.18 25.0 2.4 4.5-10 1.95 ±  0.07 6

10.0 25.0 2.4 4.5-10 1.86 4
10.0 0 .0 2.4 4 5-10 1.90 ± 0 .0 5 6
10.3 25 0 2.4 4.5-10 1.85 2

“ ?i is the number of measurements.

number of moles of ferrous Versenate oxidized per 
mole of CHP reduced, is approximately equal to 
two in all cases. In Table II the effect of varying

(7) W. L. Reynolds and I. M. Kolthoff, T h is J o u r n a l , 60, 969 
(1956).

the type and concentration of monomer and the 
effect of high concentrations of reactants is shown.

T a b l e  I I

pH 5.4; m =  0 .1 ; 25°

Monomer
(Monomer),

M
(CHP), X

10», M
(FeY-)o X 

105, M R

3060 5820 1 .2
40 100 1 .0
2.5 10 0.84

AcN“ 1 .0 2170 4800 1 .2
1 .0 40 130 1.7
0 .1 25 100 1.5
0 .1 3.5 10 1.9
0 .0 1 2.5 10 1 .6
6 X 10“4 2.5 10 1.4

Ac A4 0 .1 2.5 10 1.9
0 .0 1 2.5 10 1 .8
0 .0 01 2.5 10 1 .2

A A” 0.17 2.5 10 1 .6
0 .1 0 2.4 10 1 .1
0 .0 1 2.4 10 0 .8

“ Acrylonitrile. b Acrylic acid. c Allyl acetate.

In the absence of monomer the reaction ratio in­
creased somewhat as the concentrations of react­
ants were increased. With a fixed concentration 
of a given monomer the reaction ratio increased 
as the concentrations of reactants were decreased. 
With fixed concentrations of reactants and with a 
given monomer the reaction ratio approached the 
value of two as the monomer concentration was 
increased. Allyl acetate was less efficient in in­
creasing the reaction ratio than either acrylonitrile 
or acrylic acid; the latter two are quite similar in 
behavior in this respect.

In Table III are some results obtained by vary­
ing pH, temperature, the type of monomer, and 
the initial concentrations of reactants in the fer­
rous pyrophosphate-CHP reaction. At pH 8.8 
in the absence of monomer and in the presence of 
AcN the reaction ratio, R, was about 2 in the low­
est concentration range of reactants and decreased 
to about 1.6 in the presence of AcN and to about 
unity in the absence of monomer as the concen­
trations of the reactants were increased. At pH
6.6 the reaction ratio was also equal to 2 in the 
absence of monomer and in the presence of AcN 
at the lowest concentration level of reactants and 
decreased as the concentrations of reactants were 
increased above this level. At pH 4.8 the reaction 
ratio was somewhat less in the absence of monomer 
than in the presence of AcN but the difference is not 
significant. At all three pH values methacrylate 
(MMAc) as monomer gave a reaction ratio only 
slightly greater than unity. An important differ­
ence between the ferrous Versenate and ferrous 
pyrophosphate reactions with CHP is that, at the 
low concentrations of reactants where the rate 
constants were determined, the reaction ratio of the 
former reaction is less than unity whereas the re­
action ratio of the latter reaction is equal to two in 
the absence of monomer.

It is seen from Table III that the change of 
temperature does not affect the reaction ratio.

Formation of Acetophenone.—The results of 
analyses for acetophenone are presented in Table
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T a b l e  I I I

T he  R e a c t io n  R a t io , R , o f  th e  F e r r o u s  P y r o p h o s p h a t e -  
CIIP R e a c t io n  as  a  F u n c tio n  o f  pH, T e m p e r a t u r e , 
T y p e  of M o n o m e r  an d  I n it ia l  C o n c e n t r a t io n  of

R e a c t a n t s : m =  0.1

pH
t,
°C.

(Monomer),
Mb

(CHP)o 
X 105, M

(Fe(II))o 
X 105, m R n<*

8.8 0 0.5 AcN 1.3 -2.6 4.4-20 2.08 0.15 9
25 0.5 AcN 1.2 -2 .6 2.5-20 2.08 ±  0.15 13

1.0 AcN 40 100 1.65 1
1.0 AcN 1750 7000 1.56 1
1.0 MMAc 40 100 1.00 1

2.5 10 2.2 1
40 100 1.2 1

2910 7000 1.1 1
6.8 0 2 .5 -5 .0 7.0-10 1.97 4

25 0 .6 -4 .0 2.2-20 1.98 ±  0.09 6
10 20-40 1.76 ±  .09 6

0.2 AcN 0.6 -4 .0 2.2-20 2.02 ±  .14 10
0.2 AcN 10 20-40 1.79 2
0.4 MMAc 1.2 -3.4 4.0-15 1.22 3
0.2 MMAc 10 20-40 1.17 2

4.8 0 0.5 AcN 24 50-75 1.93 2
24 50-75 1.82 2

0.2 MMAc 24 40 1.15 1
4.8 25 0.5 AcN 4 .0 -7 .3 13-18 1.97 3

6.3 14-17 1.75 2
0.2 MMAc 4.0-11 .0 9-16 1.18 3

“ n is the number of measurements. 1 AcN and MM Ac 
designate acrylonitrile and methyl methacrylate, respec­
tively.

IV. In the presence of 1 M  AcN or MMAc a large 
reduction current began at such potentials as to 
seriously interfere with the acetophenone determi­
nation and hence the corresponding analyses for 
acetophenone were rather inaccurate. In the 
ferrous pyrophosphate ( I I P reaction, CHP was 
quantitatively converted to acetophenone within 
the accuracy of the measurements at all concentra­
tion levels. In the ferrous Versenate-CHP reaction 
CHP was 80-100% converted to acetophenone at 
the lowest concentration level and less than 50% 
at the high concentration levels.

T a b l e  IV

Reaction
(AcN),

M
(Fe(II)o 
X 10«, 

M

(CHP)o 
X 10«, 

M
%
AP* R

Ferrous 10 4.0 80 1.0
Versenate-CHP 582 306 45 1.2

0.1 10 4.0 108 1.1
Ferrous 1.0 0.25 108 2.2
Pyrophosphate-CHP 10 4.0 98 1.2

700 291 96 1.1
0.01 1.2 0.49 100 2.0
1.0 10 4.0 120* 1.7
1.0 700 175 101* 1.6
1.0* 10 4.0 High 1.0

a AP designates acetophenone. 6 AcN :interfered seri-
ously in the acetophenone determination. ' MMAc. 
Presence of monomer interfered so that an approximate de­
termination of acetophenone could not be made. However, 
the acetophenone wave was evident on the polarogram.

Formation of Gas.— In the ferrous Versenate- 
CHP reaction ’when the initial concentrations of 
ferrous Versenate, CHP and AcN were 0.0480, 
0.0217 and 1 M, respectively, insufficient gas was 
evolved to saturate the solution and form a gas 
phase. With initial concentrations of ferrous 
Versenate and CHP of 0.0582 and 0.0306 M, 
respectively, in 103 ml. o: solution in the absence 
of monomer 0.70 millimole of gas, consisting of 10 
±  5%  methane and 90 ±  5% ethane, was formed. 
Thus the gas phase accounted for 1.33 ±  0.04

millimole of methyl free radical. The amount of 
CHP consumed was 3.15 millimoles and the amount 
of acetophenone formed was 1.41 millimoles (45% 
conversion of CHP to acetophenone). Methanol 
was not found. Thus the amount of methyl free 
radical produced, within the experimental error, 
is equal to the amount of acetophenone formed.

In the ferrous pyrophosphate-CHP reaction 
when the initial concentrations of ferrous pyro­
phosphate and CHP were 0.0700 and 0.0291 M, 
respectively, in the absence of monomer 1.23 
millimoles of gas, consisting of 10 ±  5% methane 
and 90 ±  5% ethane, was formed. Thus the gas 
phase accounted for 2.34 millimoles of methyl free 
radical. The amount of CHP used was 3.31 milli­
moles. CHP was 96% converted to acetophenone, 
so that 3.18 millimoles of acetophenone was formed. 
Methanol vTas not found in the reaction mixture. 
If the amount of CH3 radical again were equal to 
the amount of acetophenone the difference between 
the observed and calculated quantities of methyl 
free radical was 26%. This difference may be due 
to both experimental error and the occurrence of 
side reactions. With the initial concentrations of 
ferrous pyrophosphate, CHP and AcN of 0.0700, 
0.0175 and 1 M, respectively, a small amount of 
gas (0.33 millimole) was formed. Thus the amount 
of gas evolved was considerably decreased by the 
presence of AcN in both reactions.

Rate Constants.—The results of determinations 
of the second-order rate constant of the ferrous Ver- 
senate-CHP reaction are given in Table V for 0 
and 25° and for various pH values. The standard 
deviation of a single measurement was approxi­
mately 13%. The observed second-order rate 
constant did not change significantly over the pH 
range investigated. Substitution of acrylic acid 
for acrylonitrile did not affect the observed rate 
constant. Changing the buffer constituents at 
constant pH and ionic strength did not affect the 
observed rate constant either. As a function of 
temperature the rate constant of this reaction may 
be written /c0 =  5.0 X 1010 exp(~l0’m/RT) liter 
mole-1 sec.-1.

T a b l e  V
S u m m a r y  o f  F er r o u s  V e r s e n a t e -C H P  R a t e  M e a s u r e ­

m en ts

H =  0.1; A(Fe(II))/A(CHP) =  2; (AcN) =  0.1 M
(CHP)o X (Fe(II))o X ko, 1. mole-1

t, ° c . pH 105, m 105, \t sec. -1 n
25.0 ±  0.1 3.72 1.30-2.53 2.30-10.1 1370 ±  216 6

5.36 1.25-2.47 2.30-10.0 1200 ±  157 10
2.44 4.98-9.95 1270 2°

8.40 2.44 4.95-9.90 1140 ±  157 9
8.80 2.44 4.86-9.90 1000 2
9.18 2.44 4.95-9.90 1050 ±  146 6

10.0 2.44 4.95-9.90 1100 ±  182 4
10.3 2.25 4.95-9.90 1170 2

0.0 ±  0.2 5.36 2.45 4.95-9.90 240 ±  33 6
10.0 2.45 4.95-9.90 240 ±  38 6

"0 .1  M  acrylic acid was employed instead of acrylonitrile.

Values of the second-order rate constant of the 
ferrous pyrophosphate-CHP reaction are given in 
Table VI for three pH values at 0 and 25°. The 
rate constants were determined at the low con­
centration levels where the reaction ratio was equal 
to two in the absence of monomer and in the
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t, “C.
25  ±  0 .1

0 .0 ±  0.2

T a b l e  V I

Su m m a r y  o f  F e r r o u s  P y ro ch o sph ate -C H P  R a te  M e a su r e m e n ts
pH (CHP)o X 10s, M (Fe(II))o X 10-', M (M onomer), M ko n

4.82 3.89-11.1 9.15-17.7 227 2
0.5 AcN 211 3
0.2  MM Ac 197 3

Av. ho = 209 ±  22 1. mole~1 sec.-1
6.78 0.60-1.98 1.45-4.08 837 6

0.47-1.95 1.45-4.10 0.2 AcN 825 11
1.20 4.00 0.2 MM Ac 780 1

Av. ko = 830 ±  114 1. mole“_1 s e c . -1

8.80 1.21-2.45 2.46-14.1 0.5 AcN 1200 ±  200 8
4.82 24.4 54.9-69.6 55.2 2

24.0 57.9 0.5 AcN 60.0 2
44.4 77.0 0.2 MMAc 66.3 1

Av. k0 == 59 ±  7 1. mole-1sec.-1
6.78 2.66-5.16 7.35-10.9 0.2 AcN 201 3

2.66 7.35 240 1

Av. ko = 210 ±  26 I. mole~1 sec.-1
8.80 1.30-2.60 4.06-18.7 0.5 AcN 300 ±  38 10

presence of AcN. In the presence of MMac the 
reaction ratio had the values indicated in Table
III. To obtain good agreement between calculated 
and observed values of log ((Fe)o/n/2o) (see Experi­
mental section) the observed value (not the value of 
unity) of n had to be used in calculating the log 
term. However, the value of the rate constant 
does not depend upon the value of n employed so 
long as n is constant throughout the reaction. It 
is very important to note that, within the experi­
mental error, the value of the rate constant is 
independent of the presence or absence of monomer 
and of whether the monomer yields a reaction 
ratio of two or unity. At pH 6.78 the rate constant 
was independent of a variation of ionic strength 
over the range 0.091 to 1.35 and of pyrophosphate 
concentration as long as the latter was in con­
siderable excess over the iron. However, the experi­
mental error was sufficiently large to prevent the 
detection of a small effect. The observed rate 
constant was dependent on pH and increased with 
increasing pH. In terms of temperature the rate 
constants at pH 4.82, 6.78 and 8.80 were 2.0 X  108 
exp ( —8200/72T), 2.7 X  109 exp(-8900/12T), and
1.6 X 109 exp( — 8400/12T) liter mole-1sec.-1, 
respectively.

Discussion
The complex ions FeY-2 and FeY-  are stable in 

the pH range 3.5 to 6.5.8 At pH values greater 
than 6.5 the equilibria9

F eY -2 +  O H - Fe(OH)Y~3; K =  7.4 X  10* 
Fe(OH)Y-3 +  O H - Fe(OH)2Y-<; K  =  1.3 X  10*

have to be considered for the ferrous species. Since 
the rate of reaction between ferrous Versenate 
and CHP was found to be independent of pH 
the rate of reaction was not dependent upon 
the exact composition of the ferrous Versenate 
species. The formulas of the ferrous pyro­
phosphate species at various pH values are not

(8) I. M. Kolthoff and C. Auerbach, J. Am. Chem. Soc., 74, 1452 
(1952).

(9) G. Schvvarzenbach, Helv. Chim. Acta, 34, 576 (1951).

known. The reaction of these species with CHP 
was found to be dependent on pH. All ferrous 
Versenate and ferrous pyrophosphate species were 
electroactive at the electrode used.

In view of the facts that, in the ferrous Versenate- 
CHP reaction at low concentration levels, the re­
action ratio was equal to two in the presence of 
AcN, unity (or less) in the absence of monomer, 
and approached the value of two as monomer 
concentration was increased, that CHP was con­
verted to acetophenone in high yield in the presence 
and absence of monomer, that, all three ferrous 
Versenate species reacted with CHP at the same 
rate, and that the rate constant was not affected 
by a change of monomer the following mechanism is 
proposed. The reaction RO- +  F eY -2 RO-  +

fc,
Fe(OH)mY - ! -»“ +  ROOH — >  Fe(OH)„Y-1- ”‘ +

RO- +  O H -; to =  0, 1, 2 (1)

k.
RO------ >- C»H5(CO)CH3 +  CHr (2)

fc-,
C H r  +  M — >  Mi- (initiation) (3)

kv
Mi- +  M — >- M r (propagation) (4)

M-„_, +  M — V  M,-

Fe(OH)„Y-2- m +  M„- -^ 5 - Fe(OH)mY - i - ”* +  M r ,  to =
0 ,1 ,2  (5)

M r  +  H + — >  M„H (6)

FeY-  was omitted since in the absence of monomer 
the reaction ratio was less than unity at the low 
concentrations of interest in measuring the rate 
constant. This reaction may be important in the 
absence of monomer at the higher concentration 
levels of reactants employed since the reaction 
ratio increased somewhat and the acetophenone 
concentration decreased with increasing reactant 
concentrations.

Termination reaction (5) has been written as 
reduction of the polymer free radical by a ferrous
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Versenate species because of the observations made 
concerning the reaction ratio in presence and 
absence of monomer and because the reaction ratio 
decreased when monomer concentration decreased. 
Although ethane formation occurred at high 
reactant concentrations it cannot contribute sig­
nificantly at low reactant concentrations and high 
monomer concentration because the termination 
reaction 2CH3- —*■ C2H15 would lead to a reaction 
ratio less than two. As monomer concentration is 
decreased this termination reaction may become 
important and so result in a reaction ratio of less 
than two. Termination by combination of two 
polymer free radicals must also be excluded under 
the conditions where the reaction ratio was equal 
to two. Termination by disproportionation results 
in a double bond in one of the two polymer mole­
cules formed. It is hardy possible that this double 
bond is reduced by iron(II). Termination by 
chain transfer can occur since one polymer free 
radical is replaced by another until one eventually 
reacts with iron(II). According to the proposed 
mechanism the methyl free radicals must be 100%  
efficient in initiating polymerization when the 
reaction ratio is two. It must be emphasized that 
the analyses for acetophenone were not sufficiently 
accurate to determine whether a few per cent, of 
RO- initiated polymerization also.

The reaction ratio of less than unity in the ab­
sence of monomer may be the result of some decom­
position of CHP by a free radical formed by 
H-atom extraction from the Versene molecule by 
the methyl free radical. The reaction CH3- +  
ROOH CH3OH +  RO- cannot be proposed to 
account for this since methanol was not found and 
since this reaction was not found to occur in the 
reaction of aquo ferrous iron with CHP.7 Con­
sidering that ferrous Versenate is such a strong 
reducing agent it does net seem likely that reduction 
of ferric Versenate by some intermediate is respon­
sible for this low reaction ratio.

Making the usual assumption about the steady 
states of free radicals and the assumption that the 
propagation rate constants are all equal, the rate 
of decrease of total ferrous iron is found to be

-  d(Fe.(,n))- =  2/fc1(ROOH)(Fe(II))

or

=  /ci(ROOH)(Fe(Il))

since (Fe(II)), the total iron (II) concentration at 
time t, was equal to (Fe)o — 2.t (see Experimental). 
The observed rate constant, k0, given in Table V, 
is equal to hi, the rate constant of the reaction 
between CHP and ferrous Versenate. In the 
absence of monomer the CH3 free radicals formed 
in reaction (2) combine to form ethane.

For the reaction between ferrous pyrophosphate 
and CHP in the presence of AcN a mechanism 
similar to that for the ferrous Versenate-CHP 
reaction may be postulated. Since the formulas of 
the ferrous pyrophosphate species present at various 
pH values are not known a rate equation cannot be 
derived to give the observed rate constant as a 
function of hydrogen ion concentration. Although 
polymer formation was not observed in the ferrous 
Versenate-CHP reaction considerable polymer 
formation was observed in the ferrous pyrophos- 
phate-CHP reaction in the presence of both AcN 
and MMAc. Since, in the latter reaction, the 
reaction ratio was equal to two in the absence of 
monomer at the low concentrations where the rate 
constants were determined the methyl free radical, 
or a free radical derived from it, must oxidize a 
second mole of ferrous pyrophosphate by a reaction 
such as

Fe(II) +  CHr +  H+ — 5- Fe(III) +  CH4-
At very high concentrations of reactants ethane is 
formed but the reaction ratio under these conditions 
is 1.1 (see Table IV). When the ferrous pyrophos- 
phate-CHP reaction occurred in the presence of 
MMAc the reactions ratio was about 1.15. In this 
system polymer formation was observed. Termi­
nation must occur mainly by reactions not involv­
ing iron(II). Since the observed rate constant was 
the same when monomer was absent as when either 
AcN or MMAc was present the rate determining 
steps must be the reactions of the ferrous pyro­
phosphate species with CHP.

In conclusion it is interesting to note that the 
two ferrous species under our experimental condi­
tions can act as polymerization termination agents 
as well as part of the initiation system.

THE ADSORPTION AND HEAT OF IMMERSION STUDIES OF IRON OXIDE
By F. H. Healey, J. J. Chessick and A. V. Fraioli

Contribution from  the Surface Chemistry Department, Lehigh University, Bethlehem, Penna.
Received March 6, 1956

The surface of an iron oxide powder was investigated by water adsorption and calorimetric measurements. Two thirds 
of the surface was found to physically adsorb water in the region of relative pressure where monolayer coverage is normally 
encountered. The remainder of the surface chemisorbed water which could be released only by activation at temperatures 
up to 450°. The average heat of hydration of the chemisorbed water was calculated to be about —24 kcal./mole H20. 
Evidence for the release of internal water and other gases at elevated temperatures was found. In addition, thermodynamic 
calculations revealed that the water physically adsorbed at 25° on iron oxide had the properties of ice in the first layer.

Introduction and Rao.2 Here, a systematic study of the surface
The adsorption of water vapor on porous iron characteristics of a non-porous iron oxide has been

oxide samples was measured previously by Foster1 made using adsorption and heat of immer-
(1) A. G. Foster, J. Chem. Soc.. 360 (1945). (2) K. S. Rao, T his Journal, 45, 500 (1941).
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sional wetting measurements. A knowledge of 
the nature of such a surface is vital in the fields of 
lubrication and corrosion inhibition since even the 
cleanest structural metals are known to have a 
surface oxide film.

Experimental
Apparatus.—An all-glass volumetric adsorption apparatus 

was used in this investigation. Mercury cut-offs were em­
ployed to prevent contact with stopcock grease when the 
adsorbate was an organic vapor. Float valves limited the 
height of the cut-offs to three inches. A gold wool trap iso­
lated the sample from mercury vapor. Degassing was ac­
complished by use of a single-stage mercury diffusion pump 
in conjunction with a Welch Duo-Seal fore-pump. The 
final pressure produced by this combination was lower than
10 ~6 cm. pressure as read by the McLeod gage.

Dosing and equilibrium pressures were measured with a 
gage3 in the pressure range from 0.0001 to 0.75 cm. pres­
sure; higher pressures were read on a simple mercury man­
ometer. The Puddington gage was constructed of pre­
cision-bore glass tubing supplied by the Fisher-Porter Co., 
Hatboro, Pa. A novel feature of the gage was a three-way 
stopcock below the wide-bore manometer section with a 
finely drawn-out capillary in one of the arms. This capillary 
permitted precise setting of the mercury at the reference 
marks without operator strain. The multiplying factor of 
the gage was 112.4. The limiting precision of the instru­
ment was about 1 m- In practice consecutive readings of the 
same pressure would vary from two to four microns. The 
system was calibrated for temperature dependence of the 
zero-reading, and the correction applied to all pressure meas­
urements.

Materials.— The ferric oxide was Baker and Adamson 
Reagent Grade Ferric Oxide Powder, Lot J 153, with the 
following maximum impurities: Insoluble in HC1, 0.25%; 
SO"i, 0.25%; Cu, 0.005%; Zn, 0.005%; not precipitated 
by N H 4O H ,  0.20%. The oxide was prepared by controlled 
oxidation of FeS. This process was followed by a washing 
and grinding operation to remove soluble impurities. Puri­
fication of the adsorbate was carried out by placing ca. 10 
cc. in one of two inter-connected storage tubes and pumping 
to remove gaseous impurities. The water was twice dis­
tilled from one tube into another, while pumping, using 
liquid nitrogen as a coolant. A portion of the liquid was 
distilled into the gas thermometer tube, where its vapor 
pressure was measured at 25° and was found to agree with 
the tabular value within the limit of precision of the mercury 
manometer.

Adsorption Studies.— Adsorption data for water on ferric 
oxide was measured only in the range from 0.1 to 0.4 relative 
pressure for samples activated at 100, 150 and 450°. For 
the sample activated at 25°, low equilibrium pressures ■were 
also measured. Equilibrium at lowr pressures was attained 
in about 24 hours. Above 0.1 relative pressure, adsorption 
equilibrium was attained within one hour. Nitrogen ad­
sorption was measured at —195°. The cross-sectional 
areas of 10.8 and 16.2 A.2 were used for the water and nitro­
gen molecules, respectively.

Desorption Measurements.—Volume analyses of gases 
evolved from iron oxide samples at 100, 150 and 450°, re­
spectively, were carried out. This was accomplished by 
condensing the gases in the cold-finger tube of a known vol­
ume system. An oil manometer containing Apiezon “ B ”
011 was employed to measure pressures. The samples were 
first outgassed overnight at 26° and a final vacuum of 10~5 
mm. to remove physically adsorbed water. The desorption 
system was then isolated from the pumps and the tempera­
ture of the sample was raised with an electric furnace already 
at the desired temperature. The sample was maintained 
at this temperature for two hours. The gases were com­
pletely condensed on a cold finger at —195°. A stopcock 
was then closed to the sample, the condensate allowed to 
evaporate into the system of known volume, and the pres­
sure was measured. After the cold bath was removed the 
pressure rose in two distinct steps. At first the pressure 
built up rapidly and continuously. After a momentary halt, 
the pressure rose slowly to its final value. It was further 
established that the more volatile gas did not condense at 
pressures up to 2.070 cm. at —78.5°. This gas was com­

(3) I. E. Puddingtcn, R ev . S ci . In str ., 19, 577 (1948).

pletely absorbed by ascarite and was assumed to be CO2 . 
The second fraction was believed to be water vapor. Mass 
spectrometer analyses by Consolidated Electrodynamics, 
Pasadena, California, showed that the major constituents 
of the desorbed gas were, indeed, CO2 and water vapor.

During the desorption studies carried out at 450°, evi­
dence for the presence of a permanent gas was noted initially. 
This gas, however, was evidently converted to a condensable 
vapor during the two-hour period of activation. The nature 
and source of this gas will be discussed below.

Immersional Calorimetry.— The heats of immersional 
wetting of iron oxide samples in water were measured at 25°. 
The apparatus and techniques were previously described.4 
Measurements were made with samples evacuated at 25, 
100, 150 and 450° before immersion. In addition heat 
values were obtained for samples initially evacuated at 25° 
which contained known and increasing amounts of pre­
adsorbed water.

Results and Discussion
The results of the adsorption and desorption ex­

periments are listed in Table I. The agreement in 
nitrogen areas for samples evacuated at 25 and 450° 
showed that no appreciable sintering of the oxide 
occurred at the higher temperature. However, the 
amount of water adsorbed was appreciably lower 
than expected on the basis of the external area of 
the oxide, particularly at the lower evacuation 
temperatures. Since the amount of water ad­
sorbed increased with increasing activation tem­
perature, this increase was taken as a measure of 
the sites uncovered by the high temperature acti­
vation. The good agreement between the calcu­
lated water area and that obtained from nitrogen 
adsorption after the 450° activation suggested that 
hydrated portions of the surface could not physi­
cally adsorb water.

The difference in Fm’s obtained from adsorption 
data for a sample evacuated at 25° and at an ele­
vated temperature was assumed a good measure 
of the amount of chemisorbed water desorbed at 
the higher temperature. Consequently, it was -ex­
pected that desorption studies with fresh iron oxide 
samples at elevated temperatures after removal of 
physically adsorbed water would also measure the 
amount of chemisorbed water, and be in at least 
qualitative agreement with the adsorption results. 
This agreement was not found. The amount of 
water evolved by desorption of fresh samples was 
greater than could be accounted for by the dif­
ference in Fm’s. The discrepancy between the 
amount of water chemisorbed calculated from ad­
sorption and desorption data was not large after 
the 100 or 150° activation; slightly more water 
was evolved by desorption as shown in Table I. 
Undoubtedly, a small part of this water could not 
be returned to the sample by adsorption at 25° 
and might well be internal water which diffused 
through the sample at the elevated temperature of 
activation.

The amount of water evolved by desorption at 
450°, exclusive of that physically adsorbed, was 
more than twice that chemisorbed at 25°. In addi­
tion a large volume of another gas was also de­
sorbed as shown in Table I. This gas will be dis­
cussed below. The adsorption-desorption results 
indicated that the water desorbed at 450° was 
partly chemisorbed surface water and partly in-

(4) A. C. Zettlemoyer, G. J. Young, J. J. Chessick and F. H. Healey, 
T h is J o u r n a l , 57, 649 (1953).
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T a b l e  I
A dso rptio n  an d  D e so r ptio n  St u d ie s  of I ron  O x id e

F m to — F m aso,
Evacuation

Temí»., z m , sino, mi. mo m O desorbed, CO2 desorbed, AH hydration kcal./mole'me, hr. °C. m.!/g . m2./g. (STPJ/g. ml./g. ml./ g. Ads. Desorp.
18 25 10.8 7.2
2 100 7.8 0.21 0.32 ±  0.03 Negligible -2 7 .6 — 18.1
2 150 8.5 0.44 0.58 ±  .03 Negligible -1 8 .7 -1 4 .2
2 450 10.8 10.5 1.16 2.76 ±  .63 1.78 ±  .73 -2 6  3 -11 .1

av. —24.2 rb 3.6

ternal water. The large and erratic volumes of 
gases released at this temperature also suggested 
sudden rupture and release of internal gases along 
grain boundaries rather than by slow diffusion which 
may occur at lower activation temperatures.

Independent gravimetric adsorption measure­
ments on an 80-g. sample of oxide were used to 
demonstrate that diffusion of water into bulk oxide 
does not occur at 25°. After removing the internal 
and external water by activation at 450° for 2 
hours, the sample was weighed, then exposed to 
water vapor at its saturation pressure at 25° until 
condensation occurred and finally outgassed at 25° 
and reweighed. The amount of water which could 
chemisorb on the external surface was calculated 
to be 1.16 ml. (STP)/g.; the experimental amount 
adsorbed was found to be 1.10 ml. (STP)/g. It 
does not appear that internal water removed at 
elevated temperatures can be readmitted to the 
sample by an adsorption or immersion process at 
25°.

At least part of the C 02 evolved at 450° activa­
tion comes from methane, no doubt incorporated 
into the sample during preparation. The presence 
of this gas was established by the mass spectrom­
eter analysis. Furthermore, it was pointed out 
in the experimental section that during the 450° 
activation a gas non-condensable at —195° was 
initially evolved. This gas converted with time 
into a condensable gas. The most likely explana­
tion is that initially methane evolved and was 
oxidized by the surface oxide to C 02 and H20.

The difference in the heat of immersion values 
for samples evacuated at two different tempera­
tures represents the wetting of additional sites 
freed of chemisorbed water at the higher activation 
temperature. Heats of hydration of the surface 
sites can be calculated from these heat values and a 
knowledge of the amount of water necessary to 
cover the new sites. Two series of heats of hydra­
tion were calculated and are listed in Table I. 
In the first series, the heats of hydration were cal­
culated using the differences in F m’s from adsorp­
tion data as a direct measure of the amount of 
chemisorbed water. In the second series, the 
amounts of chemisorbed water obtained directly 
from desorption were used. The fact that the 
heats of hydration calculated from adsorption 
data are higher and more consistent supports their 
acceptance and also indicates that internal water 
is not returned to sample either by adsorption or 
immersion at 25°.

The possibility that surface water reacts to 
form the hydroxide according to the equation

Fe20 3 +  3H20  2Fe(OH)3

is unlikely. An endothermic heat of hydration of
2.5 kcal./mole H20  was calculated for this process 
from heat of formation data.6 Haber suggested 
that failure to isolate crystalline ferric hydroxide 
may be due to the very high vapor pressure of this 
compound.6 However, evidence has been pre­
sented for the formation of mono and higher hy­
drates with Fe20 3 in the presence of liquid water.7

The heats of immersion of Fe20 3 evacuated at 
25° are shown plotted in Fig. 1 as a function of the

P, cm. Hg.
Fig. 1.— Heat of immersion of iron oxide with known 

amounts of pre-adsorbed water at 25° as a function of the 
equilibrium pressure of the adsorbed film.

Vol. adsorbed, ml. S.T.P./g.
Fig. 2.— Absolute entropy of the adsorbed film as a function 

of the volume adsorbed.

equilibrium pressure of the water vapor pre-ad- 
sorbed on the surface prior to immersion. The

(5) F. D. Rossini, “ Selected Values of Chemical Thermodynamics,”  
N. B. S. Circular No. 500, 1952.

(6) F. Haber, Naturwissenschaften, 13, 1007 (1925).
(7) L. A. Welo and O. Baudisch, Phys. Rev., 55, 1143 (1941).
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entropy of the adsorbed state was calculated from 
the equation

T(Sa -  Sl) =  hs!L ~  ^3L +  v/V  -  kT In X  ivs
as developed by Jura and Hill.8 In this equation $s 
refers to the absolute entropy of the adsorbed 
state, S l , the entropy of the liquid adsorbate, 
Asm — hsL is the difference in the heat of wetting 
between the clean solid, h$L, and the film coated 
solid, /¿gfL- The symbol <p represents the spreading 
pressure, T the surface concentration and X  is the 
relative equilibrium pressure of the vapor and 
adsorbed water film. The calculated entropy 
values, Ss, are shown plotted in Fig. 2 as a func­
tion of the volume of water adsorbed. Curves of 
similar shape are now unknown.9’10 However, two
, (8) G. Jura and T. L. Hill, J. Am. Chem. Soc., 74, 1598 (1952).

(9) T. L. Hill, P. H. Emmett and L. G . Joyner, ibid., 73, 5101 (1951).
(10) F. H. Healey and G. J. Young, T his Journal 58, 885 (1954).

interesting features are apparent: entropy values 
lower than that of ice were found, and the mini­
mum in the entropy curve occurs at about half 
coverage, whereas normally this minimum occurs 
near 6 =  1 for physical adsorption. The reason 
for this shift of the minimum to the left is not 
clear, although Hill states that the occurrence of a 
minimum shifted in this direction could be ex­
pected in systems where there is strong binding 
of the adsorbate to the adsorbent. Heat of im­
mersion and adsorption data also showed that the 
position of the minimum corresponds to the com­
pletion of adsorption on the most energetic por­
tion of the surface.
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KINETICS OF THE THERMAL DECOMPOSITION OF 
PHENYLTRIMETHYLAMMONIUM HYDROXIDE IN SOLUTION1

B y  M a r k  D . B aelo r , D en n is  B arnum  an d  G eorge  G o r in2

Contribution from the Department of Chemistry, University of Oregon, Eugene, Oregon
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The second-order rate constants for the thermal decomposition of 0.05 M  phenyltrimethylammonium hydroxide in 60%  
rc-propanol-water at 100, 110 and 120° are 2.88, 9.0 and 23.7 X 10“4 liter mole“ 1 sec.“ 1, respectively, and the energy of ac­
tivation is 30.6 keal. mole“ 1. At this concentration, the effect of ionic strength on the rate constant is quite small but in 
qualitative agreement with Brpnsted’s theory of salt effects. The ultraviolet absorption spectrum of phenyltrimethylam­
monium hydroxide is reported.

Quaternary ammonium hydroxides are decom­
posed by heat in two ways

R„N+ +  OH“—
R'CH =CH 2 +  r 3n  +  h 2o

ROH +  RjN
The R groups may be the same or different, and 
may be aliphatic, aromatic or mixed. The reaction 
proceeds according to equation a if one of the R 
groups is capable of forming an olefin, and much 
information is available concerning the course of 
this reaction with various groups.3

On the other hand, reaction b is not well under­
stood. Hughes, Ingold and Patel4 measured the 
rate of decomposition of neopentyltriméthylam­
monium hydroxide and benzyltrimethylammonium 
hydroxide and concluded that the reaction may pro­
ceed, in different circumstances, by a bimoleeular 
mechanism, a monomolecular mechanism, or by 
both simultaneously. In order to clarify the char­
acteristics of this reaction an investigation of the 
thermal decomposition of phenyltrimothylammo- 
nium hydroxide was undertaken. Rate constants

(1) Presented in part at the 124th national meeting, American 
Chemical Society, Chicago, 111., Sept. 7-12 (1953).

(2) To whom inquiries concerning this paper should be sent. De­
partment of Chemistry, Oklahoma A. and M. College, Stillwater.

(3) C. K. Ingold, “ Structure and Mechanism in Organic Chemistry," 
Cornell University Press, Ithaca, N.Y., 1953, pp. 420, 427.

(4) C. K. Ingold and C. S. Petel, J. Chem. Soc., 67 (1933); E. D. 
Hughes and C. K. Ingold, ibid., 63 (1933).

wrere determined, various kinetic parameters were 
calculated, and the effect of ionic strength was 
studied.

Conditions for Reaction.— Prolonged heating of a 
0.1 M  solution at 120° was necessary in order to 
effect appreciable decomposition in water. The 
rate constant at this temperature is 3.2 X  10-6 1. 
mole-1 sec.-1, which corresponds to a half-life of 
about 86 hours. For the purposes of systematic 
study, it would be convenient to deal with a faster 
reaction, and use of 60% n-propanol-water as a 
medium serves to make the rate of decomposition 
more conveniently measurable at 100-120°. The 
reaction was carried out in sealed tubes of alkali- 
resistant glass and the rate was measured bj  ̂titrat­
ing the hydroxide ion remaining at various times 
with standard acid.

Stoichiometry of the Reaction.— Claus and 
Rautenberg6 reported that phenyltrimethylam­
monium hydroxide decomposes into methanol and 
dimethylaniline. This was confirmed by com­
paring the absorption spectra of the hydroxide 
and of dimethylaniline with that of the reaction 
mixture after about 75% decomposition. The re­
sults are showm in Fig. 1 ; curve A represents the 
spectrum of phenyltrimethylammonium hydroxide, 
curve C that of dimethylaniline, and curve B that 
of the reaction product. If the last two spectra 
were identical, curves B and C would be parallel,

(5) A. Claus and P. Rautenberg, Ber., 14, 620 (1881).
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and it is seen that they are very nearly so; curve B 
bulges a little in the region where the residual phen- 
yltrimethylammonium hydroxide contributes ap­
preciably to the total absorption. Other aromatic 
products, if produced in substantial quantities, 
would stand clearly revealed. As an additional 
check, a 0.25 M  solution of phenyltrimethyl­
ammonium hydroxide in water was allowed to 
decompose at 120-130° for 24 hr., and a nearly 
quantitative recovery of dimethylaniline was ef­
fected by extraction and precipitation as the pic- 
rate.

Kinetic Order and Rate Constants.—A plot of 
1/c, where c is the concentration of phenyltri­
methylammonium hydroxide at any time, against 
time gave straight lines, in conformity with the 
requirements of second-order kinetics. Two typical 
plots are shown in Fig. 2.

Several runs were made at each temperature, 
with the initial concentration always close to 0.05 
M. The rate constants, measured by the slope 
of the lines, were 2.88 (X  10- 4 1. mole-1 sec.-1) at 
100°, 9.0 at 110°, and 23.7 at 120°. Application 
to these data of the equations of Arrhenius and of 
Eyring6

I c Tk =  A e -E /R T  =  A i  eASjz/R e -A H ± /R T  ( 1 )  
h

gives 30.6 kcal. mole-1 for the experimental energy 
of activation, E, 29.8 kcal. mole-1 for AH*, and 
about 7 cal. deg.-1 mole-1 for AXH

Effect of Ionic Strength on the Rate Constants.—  
According to Brpnsted,7 the rate constant for a 
reaction between two ions A and B is given by the 
expression

k (2)
where k0 is the rate constant at infinite dilution 
and / a , / b , and / a b *  are the activity coefficients 
of the ions A and B and of the activated complex 
AB*, respectively. If the Debye-Hiickel limiting- 
law is used to estimate the activity coefficients, one 
obtains for the case of interest here, where the 
charges on the ions and the activated complex are 
+  1 , - 1  and zero, respectively

log k =  log k0 — 2QVJ1 (3)

where Q is the usual coefficient in the Debye-Hiickel 
limiting equation and g is the ionic strength.

According to equations 2 and 3, the rate con­
stant should increase as the ionic strength de­
creases; when phenyltrimethylammonium hy­
droxide alone makes up the ionic atmosphere, 
then, the rate constant should increase as the re­
action proceeds and the reagent is used up. Actu­
ally, as was pointed out in the precedmg section, 
the data conform to a simple second-order rate 
equation over the first half-.ife period. When meas­
urements were extended further, as in curve A of 
Fig. 2, some upward curvature became apparent; 
but the nature of the function is such that small 
variations in k are not mace evident.

(6) S. Gladstone, K. J. Laidler and H. Eyring, "The Theory of Rate 
Processes,”  McGraw-Hill Book Co , New York, N. Y., 1941, pp. 
196-199.

(7) J. N. Brpnsted, Z. physik. Chsm., 102, 169 (1922); 115, 337 
(1925).

220 240 260 280 300
Wave length, mp.

Fig. 1.— Ultraviolet absorption spectra: A, PhMe3NOH;
B, reaction product (arbitrary ordinate scale); C, PhNMe2.

Time X  104 sec.
Fig. 2.— Decomposition velocity of phenyltrimethylam­

monium hydroxide; two representative runs.

In order to test the influence of ionic strength 
more effectively, the initial concentration of re­
agent was varied, and, also, two neutral salts were 
added, sodium chloride and sodium sulfate. In 
each instance, the reaction was allowed to proceed 
for about one half-life period, and the value of /; 
was estimated graphically, using the simple second- 
order kinetic relationship. The results are plotted 
in Fig. 3, against the square root of the initial 
ionic strength.

It can be seen by inspection that the rate con­
stant decreases with increasing ionic strength, 
but that the decrease is quite small in the range of
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Fig. 3.— Salt effects: O, no salt added; NaCl added; 
• , Na2S04 added. Dashed line indicates the slope pre­
dicted by the Debye-Huckel limiting law (dielectric con­
stant =  25.210).

concentrations examined; in the range of concen­
tration encompassed by an average run the varia­
tion to be expected was, in fact, not much larger 
than the experimental error. It is for this reason 
that the calculation of rate constant was made 
from a simple second-order expression; the ac­
curacy of the data does not warrant more laborious 
refinements.8

The decrease in rate constant with increasing 
ionic strength is qualitatively in agreement with 
the Br0nsted theory of salt effects. However, 
equation 3, which results from combining this 
theory with the Debye-Huckel limiting law, pre­
dicts, quantitatively, a much larger effect, indi­
cated in Fig. 3 by the dashed line. Clearly, the ex­
perimental points, to which short, linear segments 
have been fitted, are far removed from the limiting 
slope.

It was, of course, to be expected that the Debye- 
Huckel limiting law would fail to apply quantita­
tively to the system under study; but it had been 
hoped that the deviations would nevertheless prove 
instructive with respect to the applicability of the 
Br0nsted theory. However, the data do not dis­
criminate among the various factors involved, and 
it did not seem profitable to attempt a separation 
of these factors by further study of the system at 
hand.

Although the theory of salt effects requires more 
extensive experimental testing and theoretical 
elaboration, it seems to the writers that this de­
velopment requires very numerous and fairly ac­
curate data; from the practical standpoint this 
demands, in turn, examination of systems which 
react more rapidly and can be measured more 
conveniently than the one discussed here. It 
may be appropriate to mention, in passing, that 
the more reactive m-nitro derivative was investi­
gated briefly with these considerations in mind. 
However, the reaction in this case is stoichiometri- 
cally complex, and the proposed study was not 
pursued for this reason.9 10

Experimental
Phenyltrimethylammonium iodide was prepared by allow­

(8) G. Scatchard, ./. Am. Chem. Soc., 52, 52 (1930).
(9) D. Barntim, M. A. Thesis, University of Oregon, 1954.
(10) Estimated from the data of G. Akerlof, J. Am. Chem. Soc., 64, 

4125 (1932).

ing dimethylaniline to stand with a 25% excess of methyl 
iodide for several hours at room temperature. It was de­
colorized with activated carbon and crystallized three times 
from 2:1 (by vol.) isopropyl alcohol-water. The yield of 
crude product was about 90%. The purified compound 
sublimed at 218-219°, and two preparations gave 48.20 and 
48.25% iodine (calcd. 48.23%).

n-Propanol was distilled through an efficient column and 
the middle eight-tenths retained for use; b.p. 96.9-97.2°.

Preparation of Quaternary Hydroxide Solution.— Carbon­
ate-free sodium hydroxide was mixed with a slight excess of 
silver nitrate with vigorous mechanical stirring. The pre­
cipitate was filtered and washed until free of silver ions. 
The freshly prepared silver oxide was added in 25% excess 
to a solution of phenyltrimethylammonium iodide, shaken 
vigorously, allowed to stand for half an hour, filtered into a 
100-ml. volumetric flask containing 60.0 ml. of »-propanol, 
and diluted to the mark with water. No carbonate, silver 
or iodide ions were detected in the solutions.

Isolation of Dimethylaniline as the Picrate.— Forty milli­
liters of 0.26 M  dimethylaniline in water was extracted with 
four 7-ml. portions of ether. The ether extract was dried 
over anhydrous sodium sulfate, evaporated, and the residue 
treated with a 50% excess of picric acid in 20 ml. of absolute 
alcohol. The picrate was obtained in 89% yield; m.p. 
161-162°. Forty milliliters of 0.264 M  phenyltrimethyl­
ammonium hydroxide in water was heated at 120-130° for 
24 hours, at the end of which time the concentration of un­
decomposed hydroxide, determined by titration, was 0.179 
M . The solution was treated in the same way as described 
above, and the amount of picrate obtained amounted to 90%  
of that calculated from the amount of hydroxide decomposed. 
Since the recovery is the same as in the control experiment, 
the conversion of the quaternary hydroxide into dimethyl­
aniline may be considered to have been quantitative. The 
product melted at 161-161.5° and after cne recrvstalliza- 
tion from propanol-methanol, at 162-163°. It showed no 
depression upon admixture with the authentic picrate.

Spectrophotometric Measurements.— All spectrophoto- 
metric measurements were made with a Beckman DU spec­
trophotometer using 1.00 cm. silica cells.

(A) Phenyltrimethylammonium Hydroxide.—An aqueous 
solution was prepared as described above, the concentration 
of hydroxide determined by titration, and the solution di­
luted to approximately 0.01 M . Three independently pre­
pared samples were employed and the results averaged.

(B) Dimethylaniline.—Eastman “ white label” dimethyl­
aniline was distilled through a 4-ft. helices-packed column 
and the distillate collected at 193° and 771 mm. It was 
dissolved in 60% »-propanol-water and diluted 200-500 
times with water quantitatively to give a 0.001 M  solution, 
which was measured against water as the blank.

(C) Decomposition Product.— A 1.00-ml. sample was 
withdrawn from a 60% n-propanol-water mixture which 
had been heated at 101 ° for about two half-lives and diluted 
to 500 ml. In this case, log c is diminished by an arbitrary 
constant, in order that the curve may be compared with

T a b l e  I
Second-Order Reaction Rate Constants FOR THE
Decomposition of Phenyltrimethylammonium Hydrox-
ide in 60% n--Propanol-W ater Solutions AT 110.0°
Initial concn. of 104 k/1. mole-PhMesNOH Added salts Initial p sec. 1

0.08303 None 0.08303 7.83
.07821 None .07821 7.82
.06271 None .06271 8.60
.06066 None .06066 8.68
.05212 None .05212 8.80
.03263 None .03263 10.3

0.07339 0 03 M  NaCl 0.1034 6.05
.06437 . 05 M  NaCl .1144 5.63
.07973 . 10 M  NaCl .1797 4.45
.06795 .15 M  NaCl .2180 3.85

0.09191 0.03 M  Na2SO„ 0.1819 5.73
.07463 . 05 M  Na2S04 .2246 5.47
.08461 .07 M Na2S04 . 2964 5.22
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curve c without overlapping it; identical spectra would give 
perfectly parallel curves.

Kinetic Measurements.— The reaction was carried out in 
sealed tubes of Corning No. 728 alkali-resistant glass. It 
was demonstrated in the early stages of this work that Pyrex 
glass was attacked by the strongly alkaline solutions and 
non-reproducible rate constants were obtained.

Several filled tubes were sealed, plunged into the constant 
temperature bath simultaneously, and two minutes was 
allowed for the bath to regain temperature equilibrium. 
Then the first tube was withdrawn, plunged into cold run­
ning water, and the timer started. The remaining tubes 
were withdrawn from the bath at appropriate intervals and

the reaction quenched. After allowing sufficient time for 
each sample to reach room temperature the tube was opened 
and a 10.00-ml. aliquot was titrated potentiometrically with 
standard acid.

Rate constants were corrected for expansion of the solvent 
since the concentration of the reactants is different at tem­
peratures other than 25°. Thus, values of k obtained at 
100° were corrected by multiplying k by 1.04, at 110° by 
1.05, and at 120° by 1.05.

Temperature Control.— The thermometer was calibrated 
against a platinum resistance thermometer which had been 
checked recently by the National Bureau of Standards. 
The temperature was controlled within ± 0 .2 ° .

EFFECT OF p ll ON POLYMERIZATION OF SILICIC ACID
By K a t s u m i  Goto

Faculty of Engineering, Hokkaido University, Sappor, Japan 
Received March 13, 1956

In view of discordant results reported by earlier investigators, the effect of pH on the polymerization of silicic acid has been 
further studied. The reaction rate constant at various pH values in the range from 7 to 10 was calculated from the rate of 
disappearance of molecular.y dispersed silica, on the assumption that the polymerization reaction is third order with respect 
to the concentration of molecular silica. The value of the calculated constant increased linearly with pH, indicating that 
the polymerization occurred more rapidly at higher pH. The time required for complete depolymerization of the particles 
of colloidal silica formed at various pH’s, indicated that larger particles are formed at higher pH.

Many workers1-8 have reported the effect 
of pH on the polymerization of silicic acid in water, 
but their conclusions are not identical. Iwasaki, 
et al.,1 2 3 4 5 have stated recently that the polymerization 
is most rapid at the neutral point. Similar conclu­
sions have been drawn from measurements of gel 
time.2-4 On the other hand, Brady6 has con­
cluded from light scattering measurements that the 
optimum pH for polymerization is about 8, while 
Greenberg and Sinclair7 8 on the basis of similar ex­
periments, have reported a maximum rate of poly­
merization at pH 8.6.

It is our belief that the above disagreement 
arises from the tacit assumption hi each case that 
the polymerization proceeds to the same equilib­
rium state regardless of pH. This assumption seems 
to be incorrect when it is considered that the solu­
bility of amorphous silica changes with pH, as has 
been described in the previous paper.9

The present investigation was carried out to ob­
tain a clear picture of Hie effect of pH on the rate 
of polymerization of silicic acid, and also to deter­
mine whether the equilibrium state of polymeriza­
tion has been affected by pH.

Experimental
I. Changes in Concentration of Molecularly Dispersed 

Silica.—These changes were measured at various pH’s in a 
manner similar to that reported in the previous paper.9 
Adjustment of pH was carried out by rapid mixing of sodium 
silicate solution with the silicic acid solution prepared by 
the ion-exchange method. The latter also contained a 
large amount of molecularly dispersed silica.

(1) I. Iwasaki, T. Tarutani, T. Katsura and H. Arino, J. Chem. Soc• 
Jap., Pure Chem. Sec., 75, 856 (1954).

(2) R. C. Merrill and R. W. Spencer, T h is  Jo u r n a l , 54, 806 (1950).
(3) I. A. Heald, K. B. Coates and J. E. Edwards, J. Appl. Chem., 5, 

425 (1955).
(4) R. K. Iler, T h is  J o u r n a l , 57, 604 (1953).
(5) C. B. Hurd and II. A. Letteron. ibid., 36, 605 (1932).
(6) A. P. Brady, A. G. Brown and H. Huff, J. Coll. Sci., 8 , 252 

(1953).
(7) S. A. Greenberg and IX Sinclair, T h is  J o u r n a l , 59, 435 (1955).
(8) G. B. Alexander, J. Am. Chem. Soc., 76, 2094 (1954).
(9) K. Goto, J. Chem. Son., P.ire Chem. Sec., 76, 1364 (1955).

To simplify presentation of data, the following equation 
was assumed to be applicable to the polymerization of silicic 
acid

-  ^  =  k ( c  -  s y

where C is the concentration of molecularly dispersed silica 
at time t; S, the solubility of amorphous silica; and k is a 
constant.

Values of k for the polymerization at various pH’s are 
plotted on a logarithmic scale in Fig. 1, which clearly shows 
the greater polymerization rate at higher pH. Polymeriza­
tion may be a reaction too complex to be fully dealt with 
by such a simple assumption. Nevertheless, the results 
indicated in Fig. 1 still show at least qualitatively the effect 
of pH.

II. Depolymerization Time.— The measurements of 
depolymerization time were carried out to determine whether 
there were any differences in the polymers formed at differ­
ent pH’s.

Fig. I.—Values of k at various pH’s.
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pH’s.
Suito, et al.,10 have derived the following equations for the 

dissolution of fine particles, assuming the dissolution rate 
to be proportional to the surface area of the particles. 

n'/> M 'h  =  K ( t -  t)
T — b VO

where M  is the total weight of particles at time t\ t , the time 
necessary for complete dissolution (in the present study t 
means the time necessary for complete depolymerization); 
ao, the initial radius of particle; n, the number of particles; 
and b and K are proportionality constants.

Therefore, the M'/> versus t plot becomes a straight line 
for monodisperse systems, and r can be obtained by ex­

(10) E. Suito, N. Hirai and It. Taki, J. Chem. Soc., 72, 713 (1951).

trapolating this straight line to the point where M 1/ » =  0.
By applying these procedures to depolymerization of 

colloidal silica, values of t have been obtained for colloidal 
silica formed at various pH’s. They are shown in Fig. 2 
and indicate that larger particles are formed at higher pH. 
Depolymerization experiments were carried out by diluting 
one volume of colloidal silica solution with 100 volumes of the 
solution containing 1 g./l. NajCOa (pH 10.8). The col­
loidal silica solutions used in these experiments were pre­
pared by aging at various pH’s for 6 days and contained 2 
g. of Si02per liter.

Discussion
In no case has polymerization reached true 

equilibrium, since in this case the system, at in­
finite time, would consist of water containing a 
single large particle of amorphous silica. After 
aging the colloidal solutions for only 6 days, surely 
only a pseudo-equilibrium is established. It might 
therefore be postulated that as the monomer dis­
appeared to form colloidal particles, these colloidal 
particles further polymerize, or at leas j increase in 
particle weight, and this rate of increase in particle 
size is also a function of pH, since the largest par­
ticles are formed at highest pH.

From the foregoing evidence, it is clear that hy­
droxyl ions promote the polymerization of silicic 
acid over a pH range wider than that reported by 
previous workers. It is very interesting to note 
that the polymerization takes place more rapidly 
at higher pH, where colloidal silica particles are 
highly charged and depolymerize very rapidly. 
This might be evidence for the fact that the same 
mechanism is involved both in polymerization and 
in depolymerization.

Acknowledgment.—The author is indebted to 
Prof. Y. Uzumasa, Prof. G. Okamoto and Assist. 
Prof. T. Okura for their valuable advice and en­
couragement.

CHARACTERISTICS OF ADSORPTION OF COMPLEX METAL-AMMINES 
AND OTHER COMPLEX IONS OF ZINC, COPPER, COBALT, NICKEL AND

SILVER ON SILICA GEL1
B y  G r a n t  W. S m i t h  a n d  H o w a r d  W. J a c o b s o n  

Contribution from the College of Chemistry and Physics, The Pennsylvania State University, University Park, Pa.
Received April 13, 1956

The adsorption isotherms for complex metal ammines, ethylenediamine-metal complexes, and diethylenetriamine-metal 
complexes on silica gel are shown. The extremely complex nature of the adsorption of metal ammines is demonstrated 
for the nickel and copper ammines. Metal ammines are adsorbed in the following decreasing order, in millimoles adsorbed 
per gram of silica gel: zinc, copper, cobalt, nickel, silver. For diethylenetriamine complexes, those with higher formation 
constants were more highly adsorbed. For ethylenediamine complexes studied, six-coordinate systems were more highly 
adsorbed than four-coordinate. An interpretation of the adsorption process in terms of hydrogen bonding of ligand to 
silica surface is presented. Complex copper ammines, copper ethylenediamines and copper diethylenetriamines dissociate 
during adsorption on silica gel. This is shown by a comparison of the absorption spectra of solutions of the complex metal 
ions before and after adsorption. The ratio, ammonia: copper ion adsorbed is higher than that of the complex species 
originally in solution. The more stable a given complex ion, the closer the ratio for the adsorbate agrees with that of the 
species initially in solution.

Introduction
This study was undertaken to correlate the rela­

tive adsorption of complex metal ammines and 
other metal complexes in which ethylenediamine

(1) This paper is based on part of a thesis submitted by Howard 
Wayne Jacobson in partial fulfillment of the requirements for the 
degree of Doctor of Philosophy at The Pennsylvania State University, 
August, 1953.

(abbreviated en) and diethylenetriamine (abbrevi­
ated dien) are the ligands, with the structure and 
stability of the complex entities. The unusually 
strong adsorption of complex metal ammines on 
silica gel was first reported by Smith and Reyerson.2 
Complex metal ammines adsorbed on the surface

(2) G. W. Smith and L. It. Reyerson, J. Am. Chem. Soc., 52, 2584 
(1930).
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of silica gel form a quite stable system. Ordinary 
electrodialysis fails to remove the adsorbed ions to 
any extent, but changes do take place after con­
siderable time. This indicates that a surface disin­
tegration of the gel with its adsorbed ions has oc­
curred.3 Studies of the adsorption of copper am- 
mine on silica gel have shown that final equilibrium 
is reached only after very prolonged shaking, and 
that the composition of the copper ammine ion 
undergoes continuous change during the process.4

Experimental
The silica gel was a commercial product of 6-12 mesh size, 

obtained from the Davison Chemical Corporation. It was 
cleaned by treating with 6 M  nitric acid for 12 hours to 
remove impurities and was then washed with frequent 
changes of distilled water over a period of one week. It 
was then dried at 120° for 24 hours and finally at 300° for 
four hours. The silica gel used throughout the entire 
study came from the same lot.

Stock solutions of the complex metal ammines were 
prepared by placing the desired quantity of metal nitrate 
in a liter volumetric flask and adding concentrated am­
monium hydroxide until the precipitate formed just dis­
solved. At this point an excess of 10 ml. of concentrated 
ammonium hydroxide was added. The solutions were then 
diluted to the correct volume. Solutions of the complex 
metal ammines of lower concentrations were prepared by 
diluting these stock solutions. The cobalt-ammine solution 
required 25 ml. more of concentrated ammonium hydroxide 
per liter than the other metal ammines.

Stock solutions of the complex metal ions, in which ethyl- 
enediamine and diethylenetriamine were the ligands, were 
prepared in a manner similar to the complex metal ammines. 
In both cases an excess of 10 ml. of concentrated reagent was 
added per liter of final solution.

Solutions of the ligands alone—ammonia, ethylenediamine 
and diethylenetriamine— were prepared for adsorption by 
diluting the concentrated reagents.

The samples were prepared for the adsorption study as 
follows: 10.00 g. of silica gel was weighed into 125-ml. 
polyethylene bottles and then 75 ml. of solution was added. 
Duplicate samples were run in all cases. The bottles were 
capped and mounted on a shaker in a 25.0° water-bath 
and rotated at a rate of 25 revolutions per minute for a 
period of 72 hours. Two special series were run with the 
copper- and nickel-ammines. In the first of these, the 
volume of the metal ammine solution was 50 ml. and the 
weight of silica gel was 5 g. In the second, the volume of 
the metal ammine solution was 50 ml. and the weight of the 
silica gel was 2 g. At the end of the shaking period the 
bottles were removed and the solutions were analyzed for 
the metal ions in the case of the series of metal complexes, 
and for ammonia, ethylenediamine or diethylenetriamine in 
studies of ligand adsorption.

The following analytical methods were employed.
(1) Silver: precipitated as silver chloride and weighed in 

sintered glass crucibles.
(2) Nickel: precipitated as nickel dimethylglyoxime and 

weighed in sintered glass crucibles. The precipitation was 
effected by the hydrolysis of urea from homogeneous solution

(3) Copper: iodometric titration in sulfuric acid solution, 
with sodium thiosulfate which had been previously stand­
ardized with freshly recrystallized potassium iodate.

(4) Zinc: precipitated as zinc ammonium phosphate 
and ignited to the pyrophosphate and weighed as such.

(5) Cobalt: electrolyticahy deposited on platinum
electrodes.

(6) Ammonia, ethylenediamine, diethylenetriamine:
titrated with sulfuric acid previously standardized with 
sodium carbonate.

The silver complexes involving ethylenediamine and 
diethylenetriamine were not studied because they did not 
form stable systems. A considerable amount of insoluble 
hydroxide and oxide formed in these cases which could not 
be dissolved by the addition of excess ethylenediamine or 
diethylenetriamine.

(3) L. II. Ryerson and R. E. Clark, T h is J o u r n a l , 40, 1055 (193G).
(4) I. M. Kolthoff and V. Stenger, ibid., 38, 475 (1934).

To exhibit the extent to which complex copper-amines, 
copper-ethyleiiediamines and copper-diethylenetriamines 
dissociate during adsorption, solutions of the complex metal 
ions were prepared in which the ligand: metal ion ratio was 
varied in integral steps from one to the maximum coordina­
tion number of the metal ions. Ammonium nitrate was 
added to stabilize these systems with respect to insoluble 
hydroxide formation. The minimum amount of ammonium 
nitrate required to prevent hydroxide formation in the least 
stable member of a series was used throughout that entire 
series. Immediately after the 72-hour shaking period with 
silica gel, the solutions were subjected to quantitative and 
spectrophotometrie analysis. A Beckman Model DU 
Photoelectric Quartz Spectrophotometer was used to take 
the absorption spectra before and after adsorption. In 
using the spectrophotometer, minimum slit width and 
maximum sensitivity were employed. To obtain the 
absorption data, the solutions of the complex metal ions 
were compared to an ammonium nitrate solution whose 
concentration was equal to the ammonium nitrate concen­
tration present in the complex metal ion solution in question. 
The ammonium nitrate was 6.0 M  in the copper-ammine 
series, 3.0 M  in the copper-ethylenediamine series and 2.0 M 
in the copper-diethylenetriamine series.

The pH of each solution was measured both before and 
after adsorption with a Model G Beckman pH Meter.

Results
Figures 1-6 show the adsorption isotherms of 

indicated systems on silica gel. They were ob­
tained by plotting the equilibrium concentrations 
of the solutions against the number of millimoles 
of complex ion adsorbed per gram of silica gel.

Discussion
The ordinary hydrated metal ions are not signifi­

cantly adsorbed on silica gel, but the replacement of 
the bound water molecules by ammonia, ethylene­
diamine or diethylenetriamine results in consider­
able adsorption of the metal ions. Figure 1 shows 
that ammonia, ethylenediamine and diethylenetri­
amine all exhibit a high affinity for the surface of 
silica gel.

The surface of silica gel can be considered to be 
made up primarily of oxygen atoms since the silicon 
atom is quite small. It seems conceivable to ac­
count for the strong adsorption of the complex 
metal ions on silica gel by considering hydrogen 
bonds to be formed between the oxygen atoms in 
the surface of silica gel and the nitrogen-contain­
ing ligands which in turn are coordinated to the 
metal ion. In the case of the aquated metal ions, a 
similar bonding could be considered to exist be­
tween the hydrogens of water and the surface oxy­
gen atoms, but the water-metal ion bond is not of 
sufficient strength to hold the metal ion to the sur­
face. Water itself is adsorbed to a considerable ex­
tent on silica gel.

The structure of the complex entity in solution 
should be one of the important factors governing 
the amount of metal complex adsorbed. For the 
complex metal ammines, a maximum of six hydro­
gen atoms could lie on a flat surface for tetrahedral 
structure. For a planar ammine, a maximum of 
eight hydrogens could attach to a flat surface if the 
entity were on its face and four if on an edge. In an 
octahedral structure, the maximum is six, -while for 
the linear type it is four. The structures of the 
metal ammines involved in this study are generally 
thought to be as follows: zinc-ammine, tetrahedral; 
copper-ammine, planar; cobalt-ammine, octahe­
dral; nickel-tetraamine, tetrahedral; and silver-
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Fig. 1.— Adsorption of ligands by silica gel: I, ammonia; 
II, ethylenediamine; III, diethylenetriamine.

MOLAR CONCENTRATION.

Fig. 2.— Adsorption of metal ammines by silica gel: I, 
zinc-ammine; II, copper-ammine; III, cobalt-ammine; 
IV, nickel-ammine; V, silver-ammine.

Fig. 3.— Adsorption of ethylenediamine complexes by 
silica gel: I, zinc-ethylenediamine; II, cobalt-ethylene- 
diamine; III, nickel-ethylenediamine; IV, copper-ethylene- 
diamine.

ammine, linear. The latter has been determined in 
the form of silver ammine sulfate.6 The other 
structures are based on the electronic configuration 
of the metal ions, magnetic measurements, and by 
comparison to known structures of other deriva-

(5) A. F. Wells. “ Structural Inorganic Chemistry,”  Clarendon Press, 
Oxford, 1950, p, 120.

MOLAR CO NCENTRATIO N.

Fig. 4.— Adsorption of diethylenetriamine complexes by 
silica gel: I, copper-ethylenetriamine; II, nickel-diethylene- 
triamine; III, zinc-diethylenetriamine; IV, cobalt-diethyl- 
enetriamine.

Fig. 5.— Adsorption of copper-ammine solutions by silica 
gel.

Fig. 6.— Adsorption of nickel-ammine solutions by silica gel.

tives of the metal ions.6 Considering the adsorp­
tion of metal ammines on silica gel on the basis of 
millimoles per gram adsorbent, the following de­
creasing order is observed: zinc, copper, cobalt,
nickel and silver. In terms of structure, that would 
be tetrahedral, planar, octahedral, tetrahedral and 
linear.

No reliable correlation between the geometry of 
the species and adsorbability is evident from the

(6) Ref. 5, pp. 316.
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T a b l e  I

T a b l e  of F o rm a t io n  C on stan ts  

Ammonia complexes
Metal

ion
log 
k i

log
fa logfa

log
kt

log
fa

log

Zinc 2.18 2.25 2.31 1.96
Copper 3.99 3.34 2.76 1.97
Cobalt 1.99 1.51 C .93 0.64 0.06 -0 .7 4
Nickel 2.67 2.12 1.61 1.07 0.63 -0 .0 9
Silver 3.23 3.83

Ethylenediamine complexes
Zinc 5.92 5.15 1.86
Cobalt 5.93 4.73 3.03
Nickel 7.60 6.48 5.03
Copper 10.76 9.37

Diethyleneticamine complexes
Copper 16.0 5.3
Nickel 10.7 8.3
Zinc 8.9 5.5
Cobalt 8.1 6.0

zinc, cobalt and nickel, have three values shown for 
the formation constants indicating six-coordinate 
systems. Only two values for the copper complex 
indicates a four-coordinate system. In this series 

Kef. the six-coordinate systems are all adsorbed to a 
7 greater extent than the four-coordinate copper ion. 
7 For diethylenetriamine complexes there seems to 
7 be a fair correlation, i.e., the greater the stability (as 
7 indicated by higher formation constants), the higher

the adsorption. This trend seems to be reversed 
for the ethylenediamine series, however, and no cor­
relation is evident for the series of ammonia com- 

g plexes.
9 For a simple adsorption system, one can change 

10 the amount of adsorbent or the amount of solution
10 in contact with an adsorbent and still get points 

falling on one adsorption isotherm. The curves of
0 Figs. 5 and 6 show that for the adsorption of cop-

11 per and nickel ammines on silica gel, this is not the
11 case. It appears that variations in the ligand:
11 metal ion ratio adsorbed were such that one reaches
ll a different equilibrium state when the amount of
T a b l e  I I

Empirical
Wave length of peak 
Before After

E
Before After

Ligand/metal ion 
ratio ads.°

pH
Before After

Molar 
concn. after

composition ads. ads. ads. ads. A B ads. ads. adsorption b
C u +  + 815 815 14.80 14.80 2.60 2.60 0.0400
Cu(NH.,)i + + 755 765 21.75 19.60 3.9 6.3 4.48 4.43 .0378
Cu(NH3)2 + + 700 715 30.50 26.00 3.5 4.9 5.23 5.02 .0339
Cu(NH3)3 + + 655 675 40.00 33.00 4.1 4.8 5.95 5.45 .0282
Cu(NH3)4 + + 600 645 50.00 39.70 5.7 6.1 6.70 5.95 .0267
Cu(en)x + f 655 665 30.50 28.60 3.0 4.9 4.95 4.76 .0388
Cu(en)2 + + 555 560 60.00 49.25 2.3 4.3 6.51 5.46 .0345
Cu(dien )i + + 610 610 52.95 64.80 1.0 5.33 4.67 .0383
Cu(dien)2 + + 580 580 81.00 89.75 2.0 7.96 6.43 .0211

“ Column A, calculated from shift in wave length; column B, calculated from decrease in E. 6 Concentration before ad­
sorption was 0.0400 M.

data. However, there is considerable doubt that 
the nickel tetraamine is tetrahedral. If it is actually 
octahedral, the position of this ammine in the ad- 
sorbability series appears reasonable. In this case, 
the other two positions in the octahedral arrange­
ment would be occupied by water molecules, and 
the relatively lower adsorption of the nickel am­
mine would be satisfactorily accounted for.

The way a complex ion is oriented on the silica 
surface probably depends not only upon its shape 
but also upon the inter-atomic spacings. If the 
hydrogen-bonding theory applies, the number of 
hydrogens able to make contact with a “ flat”  sur­
face is probably of less importance than the number 
of hydrogens spaced properly to form good hydro­
gen bonds with the surface oxygen atoms.

The stability of the entity should also be an im­
portant factor controlling the amount of metal 
complex adsorbed. Table I shows the logarithms 
of the stepwise formation constants of the indicated 
complex ions. The ethylenediamine complexes of

(7) J. Bjerrum, “ Metal Ammme Formation in Aqueous Solution,”  
P. Haase and Son, Copenhagen, 1941, p. 289.

(8) J. Bjerrum and P. Anderson, Kgl. Danske Vikenskab. Math-Fys 
Medd., 11, No. 582 (1931).

(9) L. J. Edwards, Doctors Dissertation, University of Michigan, 
1950.

(10) F. Basolo and R. K. Murraann, J. Am. Chem. Soc., 74, 2373 
(1952).

(11) J. E. Prue and Schwarsenbach, Helv. Chim. Acta, 33, 963 
(1950).

solution or the amount of silica gel were changed. 
The copper-ammine adsorption curves are some­
what closer together than those of the nickel-am- 
mines. This no doubt is due to the fact that the 
copper-ammine complex is more stable than the 
nickel-ammine complex. This is indicated by the 
formation constants. There must be some dissocia­
tion of the complex entities during adsorption in or­
der to reach a different equilibrium state by varying 
the weight of adsorbent or volume of solution.

By comparing the absorption spectra of the cop­
per complex solutions after contact with silica gel 
with those of the original solutions, changes under­
gone in the complex ions during adsorption are re­
vealed. In the case of the copper ammines, the 
adsorption process causes the maximum absorption 
peak to be shifted to higher wave lengths and the 
maximum absorption value to decrease. This indi­
cates that the ammonia: copper ion ratio adsorbed is 
somewhat higher than that of the primary complex 
species initially in solution. Dissociation of the 
complex metal ion has apparently occurred while in 
contact with the silica gel. Whether the dissocia­
tion of the complex ion has taken place at the sur­
face of the silica gel or in the bulk solution is not 
revealed, but it is probably a combination of both.

Table II shows the changes in wave length and 
molar extinction coefficient E during the adsorption 
process along with an empirical value of the ratio of
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the ligand:metal ion adsorbed. These ratios were 
calculated by linear interpolation by considering 
shifts in the wave lengths and also by considering 
changes in the molar extinction coefficients during 
adsorption. These two methods give quite differ­
ent values in some cases, but when one considers 
that for most of these systems, the absorption maxi­
mum is not too sharply defined, some differences 
would be expected.

The values calculated using the shift in wave 
length method were made by observing the change 
in the maximum absorption peak with reference to 
the center of the peak before and after adsorption. 
The first value for the copper-ammine and ethylene- 
diamine complexes is somewhat out of line with the

other values since the absorption maximum of the 
aquated copper ion is very poorly defined. The 
more stable a given complex ion (Table I), the 
nearer this ratio approaches the value of the pri­
mary complex species initially in solution.

The increase in the molar extinction coefficient 
after adsorption for the copper diethylenetriamine 
series is unexpected. There is also a widening of 
the entire absorption maximum.

The pH values show that in all cases there is a 
lowering of pH with adsorption, but the extent of 
this lowering follows no simple relationship. The 
pH of the solutions would not be expected to change 
much since a rather large quantity of ammonium 
nitrate is present in the systems.

INTERMEDIATE ORDER HETEROGENEOUS CATALYSIS 
AND HEATS OF ADSORPTION

B y  John  F oss

Department of Chemistry, University of Utah, Salt Lake City, Utah 
Received February 23, 1956

An explicit relationship, based on a simple model, is developed between the heat of adsorption of a reactant on a surface 
and the experimental energy of activation for the unimolecular reaction on that surface. Numerical values are calculated 
for the decomposition of ammonia on tungsten.

Introduction
In the literature of heterogeneous catalysis there 

appears to be no simple discussion concerning the 
relationship between experimental heats of adsorp­
tion and catalysis other than for the limiting cases 
of first and zero order reactions.1 For the former 
the experimental energy of activation is usually 
stated as being equal in magnitude to the difference 
in energy between the activated state and the gase­
ous reactant. For the latter it is this same quan­
tity, plus the heat of adsorption of the reactant at 
full surface coverage. However, actual catalytic 
studies will in general not take place in one of these 
limiting regions but rather in an intermediate order 
region. In this paper the relationships between 
experimental heats of adsorption and activation en­
ergies are presented in a form simple enough to per­
mit use. The present paper is limited to unimolecu­
lar reactions.

On the assumption that the rate-controlling step 
is the reaction of the adsorbed species on the surface 
we have, from absolute reaction rate theory for a 
simple unimolecular reaction2

V — 7̂  Ca — e “ (eo +  C/tcT cae~(e0 +  t)/kTh> Ja h
where

ca =  concn. of adsorbed molecules in no. per square cm.
f  =  partition function for the transition state per 

square cm.
/a+  =  partition function for the adsorbed gas per square 

cm.
to =  height of the highest energy barrier above the 

ground state of the initial gaseous reactant
e =  the heat of adsorption of the reactant

(1) K. J. Laidler, “ Catalysis,” Vol. I, ed. by P. II. Emmett, Rein­
hold Publ. Corp., New York, N. Y .t p. 135.

(2) S. Glasstone, K. .T. Laidler and 11. Eyring, “ The Theory of
Rate Processes,”  McGraw-Hill Book Co., New York, N. Y.

Now ca = Ld where L is the number of sites per 
square centimeter on the uncovered surface 
(around 1016) and 6 is the fraction of the surface 
which is covered. This in turn is given by

1 + y —  e - * / k T  1 + —  e ~ c / k T
/a  Cg Cg

where f s is the surface partition function, Fg is the 
partition function per cubic centimeter of gaseous 
reactant, and cg is the gas concentration in mole­
cules per cc. Wo should note that in using this 
Langmuir type adsorption isotherm we are assum­
ing a homogeneous surface, and are attributing de­
creases in heat of adsorption with coverage (such as 
introduced below in equations 4 and 5) to lateral in­
teraction, or changes of the type suggested by 
Boudart.3

Combining our equations we then have

V
t g-  e - ' ° / k T
^ g__________

1 +  H eCkT 
ft g

(la)

The partition function Fe may be approximated by 
K\Tm ~ 1 where K\ is a constant dependent only on 
the mass and moment of inertia of the reactant, 
gas. The gas concentration is given ideally by 
Ki p/T. Making these substitutions and taking 
the logarithm of (la) gives

(where c' contains temperature independent terms 
and K  =  K 2/Ki).

(3) M. Boudart, J. Am. Chem. Sor.., 74, 3550 (1952).
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The experimental activation energy E, is given by 
E _  / d  In _ /  2) In /d in  ¡A / de \

A T 2 V i>T J p ~  V d T  ) e,p +  \ ~ d T ) t ,v \ d f ) v

(3)
The second term on the right takes into account 
variations in the heats of adsorption with coverage.

In order to evaluate (3) it is necessary to have 
some explicit functional relationship between the 
heat of adsorption and the coverage 6. There are 
two general equations which will fit a good portion 
of the experimental data now available, viz.

6 =  e. -  S9n (4)
and

e =  (2 — C In 0 (5)
where S and C are constants of the particular sys­
tem under consideration and are assumed to be in­
dependent of temperature and pressure, ei and e2 
are the heats of adsorption at 9 =  0 and 1, respec­
tively.

From (1) and (4) after simplification
SnB" (1 -  6)

1 +  uff" (1 -  e)

while (1) and (5) lead to
/  de \  C(1 -  0) f e r n
\ d T jp  , , C U r 2 +  Ti +  ^  a  -  e) L

( 6)

(7)

Considering first the non-logarithmic case and
using (2) to obtain iòlnvX

\ a r  ).,v

E (to -  1) , €0 , 9 ( w * +  t )
kT2 T 1 kT2 1 1 +  § ,  nO* (1 -  0)

=  - (to -  1) 
T +  T f i+  ( ¿ jTj +  y )

and
E  = — (to — l)kT +  to +  <7i.0(e +  mkT) ~

Ei +  gu8(e +  mkT) (9)

where Hi is the activation energy for the first-order 
reaction, i.e., the limiting value when 9 approaches 
zero. Similar calculations lead in the case of loga-

E  =  Ei +  >0(6 +  mkT) (1 0 )

rithmic dependence to where X is defined as

The remainder of this paper will be devoted to a 
consideration of the second term in (9) and (10) 
which we shall denote by E' for both equations. 
(That (9) and (10) do give the correct limiting val­
ues for first and zero reactions may readily be seen 
by a direct calculation of the limiting values for 
equation (la). The limiting value of E' for the 
zero order case is e +  mkT and not e as is usually 
assumed, and mkT is not always negligible.)

Functionally, for the non-logarithmic case E' =  
E'(d, e,S,n,m). So that for any particular reactant- 
catalyst system for which (4) is known, m may be es­
timated and E' = E'(9). Then using (1) and an

appropriate partition function for the gas the rela­
tionship between p and 6 may then be used to find 
E' =  E'(p). This will be done later for the case of 
the decomposition of ammonia on tungsten.

First we shall consider the simplest case of heat 
of adsorption variation with coverage, viz., no varia­
tion. Though this case is probably never observed 
in practice it is useful because it leads to a method 
of calculating an approximate e(0) relationship from 
the observed dependence of the experimental activa­
tion energy on pressure. With e =  et and for simplic­
ity, t i »  mkT

E ' =  n0 =  ------- = 2 ---------- (11)
1 -f- z J  e ~ ‘ T kT  

Cg
Thus for a particular gas at a fixed temperature 

the dependence of E' on cg (and therefore on pres­
sure) may be calculated. Because it is inconven­
ient to require a separate graph for every tempera­
ture (11) may be modified and ti/kT used as a di­
mensionless parameter, giving

EE
kT

ei/kT X,

1 + 1 0 16?>
e - ' i / k T  1 + 1016p

( 12)

where cg is expressed in terms of pressure (mm.) at 
900°K. A family of theoretical curves for E'/kT 
as a function of EJp using X  as a parameter may 
be calculated. This is shown in Fig. 1.

Let us consider the use of Fig. 1 for the case of a 
reactant whose heat of adsorption on the catalytic 
surface does not change with coverage. From the 
difference in the zero- and first-order activation en­
ergies we may determine e,/kT using the mean tem­
perature at which the activation energy was deter­
mined. Knowing e,/kT, the variation of the experi­
mental activation energy with F J p  can be deter­
mined from the appropriate curve (and therefore 
the variation of the experimental activation en­
ergy with pressure, except for the additive constant 
E\ — €o +  kT).

For the more realistic case of the heat of adsorp­
tion varying with coverage the entire family of 
curves must be used, rather than just one as in the 
previous case. Knowing how E' varies with pres­
sure permits calculation directly of how e varies
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with Fg/p (and indirectly therefore how it varies 
with coverage).

There is one final point of minor interest which 
may be seen from Fig. 1. Normally on increasing 
the pressure in the intermediate order region the 
activation energy would be expected to increase 
with pressure monotonically. However, if the heat 
of adsorption drops quite rapidly with coverage E' 
may actually decrease at some point before ap­
proaching the zero order activation energy—he., 
there will be a maximum in E'(p).

(A survey of Laidler’s recent compilation of data 
on heterogeneous decompositions4 showed only one 
reaction— that of phosphine on tungsten— exhibit­
ing a maximum in E(p). But an examination of 
the original literature ruled out even this case. 
However, in view of the small amount of really 
careful work which has been done in the field of 
heterogeneous catalysis it is not surprising that 
maxima of this sort have not as yet been observed. 
If such maxima are observable it will probably be 
for those systems where the heat of adsorption falls 
off very rapidly, e.g., as log 9.)

Rather than use the somewhat awkward and in­
direct method described above to calculate E'(p) 
from heat of adsorption data, we may return to the 
direct use of (9) and (10).

Since

E' is of the form
E ' =  E ’(T, e, V, F„ S)

(where e rather than 9 has been chosen as the in­
dependent variable). Then with e (8) data for any 
particular gas (he., Ft and S fixed) isotherms of E ’~ 
(p) can be plotted. (The simplest way to do this 
is to choose a range of heats and calculate the re­
sulting pressures.)

The Ammonia-Tungsten System.—Using the 
ideas developed above let us consider the case of 
the ammonia decomposition on tungsten and see 
what predictions would be made from heat adsorp­
tion data.

(4) Ki J. Laidler, ref. 1, Chapter IV.

Wahba and Kemball6 have measured the differ­
ential heat of adsorption at 21° of ammonia on 
evaporated tungsten films. The heat varies from
72.6 to 33.4 kcal. in going from zero to full coverage 
and may be fitted by a straight line to a very good 
approximation. Assuming that the heat of adsorp­
tion is relatively independent of temperature these 
data may be used for the high temperature decom­
position on tungsten. (Differential heats of ad­
sorption are known to be independent of tempera­
ture in at least some cases, e.g., Beeck.6)

With these data E'(p) has been calculated at two 
temperatures, as shown in Fig. 2. All of the experi­
mental work done has been carried out between 
these temperatures and in a pressure range of ap­
proximately 0.001 to 265 mm.

From Fig. 2 the following observations may be 
made

1. It appears that all of the work done on the 
ammonia decomposition was in the intermediate or­
der region. The discrepancy between this con­
clusion and the experimental reports of approxi­
mately zero-order dependence can be explained in 
terms of a “ compensated zero-order reaction”  
which will be discussed below.

2. The measured energy of activation for any 
given pressure should decrease with increasing 
temperature.

3. This difference between low and high tem­
perature activation energies should increase with 
pressure, though not markedly in the pressure range 
studied. It should increase to as much as 8.5 kcal. 
in the highest pressure range experimentally stud­
ied.

Because of the wide variations in activation en­
ergies reported in the literature it is difficult to 
make comparisons with the predictions of Fig. 2. 
What can be said is that there are no disagree­
ments with the qualitative predictions, except per­
haps with point 1. And, in some cases there is 
some interesting, though very likely fortuitous, 
agreement. For example Kunsman,7 finds a dif­
ference of about 12 kcal. between his low and high 
temperature activation energies compared with a 
predicted value of about 8.5 kcal. (at a pressure of 
265 mm.).

The disagreement between predicted and ob­
served orders may easily be rationalized by intro­
ducing the idea of “ compensated zero reactions.” 
Ideally, when a reaction is zero order the rate is 
completely independent of pressure. However, in 
actual practice, reactions are said to be zero order 
when there is only a small dependence of velocity 
on pressure. For example, Hinshelwood8 labeled 
the ammonia decomposition on tungsten as zero 
order because a fourfold pressure increase (50- 
200 mm.) led to only a one third increase in the 
reaction velocity.

The velocity of a surface reaction will be propor­
tional to the coverage. But in the intermediate 
order region 9 is often not too sensitive to pressure.

(5) M. Wahba and C. Kemball, Trans. Faraday Soc., 49, 1351 
(1953).

(6) O. Beeck, Disc. Faraday Soc., 8, 314 (1950).
(7) C. H. Kunsman, J. Am. Chem. Soc., 50, 2100 (1928).
(8) C. N. Hinshelwood and R. E. Burk, J. Chem. Soc., 127, 1105 

(1925).
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And, in addition, the increased activation energy 
often compensates for even this increase. For 
example on the 1600°Iv. isotherm, in going from 10 
to 100 mm. pressure the coverage increases from 
approximately 0.25 to 0.35. But the activation 
energy increases from 4 5 to 5.5 kcal. so that the 
relative ratio of the two velocities will be

Vioo _  0.35e - 6.5 X 103/1.99 x 1600
¿17 ~ 0.36e~4-5 X 103/1.99 X 1600 — 1,02

Thus a tenfold pressure increase leads to only a 2% 
increase in velocity. Of course it is only by chance 
that the compensation is so complete. In the same 
pressure region on the 900°K. isotherm a tenfold 
increase actually leads to an 80% decrease in ve­
locity. This would still probably be considered as 
an approximately zero-order reaction (though some 
explanation would very likely be proposed to ac­
count for the slight decrease in rate).

From this discussion there are a number of 
points which should be emphasized. First, it is 
not true that zero-order kinetics necessarily imply a 
saturation of the catalytic surface with reactant. 
In fact, in the author’s opinion, there are probably 
very few cases of thermal decompositions in the 
900 °K. range where the surface becomes even as 
much as nine-tenths saturated. And very likely it is 
more often well under half covered because the 
heat of adsorption of ammonia at full coverage is as 
great as the heat of adsorption of many gases at 
zero coverage.

A second point to be emphasized is that the only 
way in which one can be reasonably certain of 
being in a region where the surface is very close to

saturation is to measure the activation energy as a 
function of pressure over as wide a pressure range as 
feasible. If it remains constant, or approaches a 
limiting value, the surface is very likely close to 
saturation.

A third point is the importance of using initial 
rates rather than “half times”  since the activation 
energy can change significantly as the pressure de­
creases. This is very important for the model used 
in the present paper in the 100-10,000 mm. region 
at 900°K. However, most studies of the ammonia 
decomposition fail to state what initial pressures 
were used; and at least one did not even report 
the temperature interval. Kunsman7 found 45.3 
and 43.2 kcal. activation energies for the reaction 
by the use of “ half”  and “ quarter times,”  respec­
tively.

Since the assumption of a surface having sites of 
uniform activity is probably a poor one, it would be 
of interest to carry out similar calculations for a 
heterogeneous surface and see how this affects Fig.
2. At present this is being done for the simple 
case of a linear variation in activity of the surface 
sites. In addition the relationship between this 
work and that of Brunauer, Love and Keenan9 will 
be discussed in a future paper.

The author would like to express his appreciation 
of financial support from the California Research 
Corporation and acknowledge many helpful dis­
cussions with Drs. Antonino Fava and Izumi Higu- 
chi.

(9) S. Brunauer, K. S. Love and R. G. Keenan J . A m . C h em . S oe , 
64, 751 (1942).

NOTES

THE Fe(II)-T l(III) REACTION AT HIGH 
CHLORIDE CONCENTRATION

B y  F r e d e r ic k  R . D u k e  an d  B e r n a r d  B ornonc;

Contribution No. 1+02 from the Institute for Atomic Research and Depart­
ment of Chemistry, Iowa Stale College, Ames, Iowa1

Received October IS, 1955

The reaction between Tl(III) and Fe(II)2a has 
been shown to be retarded by chloride.2b This is 
readily explained in terms of the prior equilibrium3

Tl(III) +  Fe(II) ^ ± 1  Fe(III) +  Tl(II) (1)

followed by the slow reaction *
Tl(II) +  Fe(II) — >- Fe(III) +  T1(I) (2)

in conjunction with the associated equilibria, Ti(III) 
+  Cl-  T1C1+2, T1C12+ and higher complexes.4

(1) Work was performed in the Ames Laboratory of the Atomic 
Energy Commission, Iowa State College, Ames, Iowa.

(2) (a) C. E. Johnson, J. Am. Chem. Soc., 74, 959 (1952); (b) O. L. 
Forchheimer and R. P .  Epple, ibid., 74, 5772 (1953).

(3) K .  G .  Ashurst and W . C. E. Higgonson, J. Chem. Soc., 3044 
(1953).

(4) R. Benoit, Bull. soc. chim. France, 5, [6] 518 (1949).

However, since chloride is usually a catalyst for 
such reactions in the absence of a prior equilibrium, 
it is of interest to determine the effect of high chlo­
ride on the rate, particularly in view of the work on 
the T1(I)-T1(III) exchange where chloride has a 
retarding effect at low concentration and then a 
catalytic effect at higher concentrations.5

Experimental
The Tl(III) and Fe(II) perchlorates were prepared as 

described by Forchheimer and Epple.6 C.p. HC1 was used, 
as well as C.p. LiCl, for maintaining ionic strength and 
acidity. LiCIO, was prepared by dissolving C .p . LiOH in 
C .p . HC104.

The appropriate amounts of reagents were added to a 
volumetric flask in a constant temperature bath (25°) to 
make the final concentration of Fe(II) =  0.095 M , Tl(III) 
=  0.05 M , [Cl- ] varying from 0.2 to 2.0 M , [H+] =  2.50 
M , and ^ =  3.30. The method of analysis used was to 
measure the absorbancy at 430 m/i, where the ferric chloride 
complex absorbs. The absorbancy index of the Fe(III) for 
a particular solution was taken from the “ infinite time” 
value of the absorbancy. Since TiCl precipitates at these

(5) G. Harbotfcle and R. W. Dodson, J . A m . C h em . S o c ., 73, 2442 
(1951).

(6) O. L. Forchheimer and R. P. Epple, A n a l .  C h em ., 23, 1445
(1951).
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concentrations, the solution was filtered just before measuring 
the absorbancy.

Results and Discussion
Second-order plots, first order in each Tl(III) 

and Fe(II) yielded straight lines up to 60-65% of 
complete reaction; presumably the deviation at 
higher reaction percentages is the result of prior 
equilibrium (1). The slope of the straight line 
portions of the second-order plots were compared 
with the results taken from the graph in the paper 
by Forchheimer and Epple.1 2 The results are pre­
sented in Figure 1. It is evident that a minimum 
in the rate of reaction occurs between chloride con­
centration of 0.1 and 0.2 M. Then the curve rises 
steeply and levels off between 1.5 and 2 M  chloride. 
The conclusion drawn is that Tl(II) must complex 
chloride for the following reasons:

Fig. 1.— Effect of chloride on the second-order rate constant 
for the F e (II)—T I ( I I I )  reaction.

1. Fe(III) does not associate with chloride 
sufficiently to increase the equilibrium concentra­
tion of Tl(II) in reaction (1) to the extent indicated 
by the data in Fig. 1.

2. Reaction (2) does not appear to be strongly 
catalyzed by free chloride ion, because the leveling 
off at high chloride ion concentrations would not be 
expected from participation of chloride merely in 
the activated complex.

3. The only other alternative is to allow the for­
mation of T1(II)-C1_ complexes with a stability 
somewhat less than that of the TI(III)-C1_ com­
plexes.

This interpretation of the data serves to explain 
the C l- effect on the T1(I)-T1(III) exchange.5 
Consider the reaction T1C1+2 +  T1+ T l+2
+T1C1+. If the dissociation of T1C1+ is slow com­
pared with the reverse of the indicated reaction, the 
equilibrium would be largely non-exchanging. 
When the [Cl~] reaches the point that the reaction 
is T1C12+ +  T1+ ?=> T1C1+ +  T1C1+, the exchange 
rate should increase, particularly if the slow reaction 
is Cl-  catalyzed.

TIIE RELATION OF FORCE CONSTANT TO 
ELECTRONEGATIVITY AND COVALENT 

RADIUS
B y  It. L . W il l ia m s

Ministry of Supply, E. R. D. E., Waltham Abbey, England 
Received December 13, 1955

Numerous attempts1 have been made to relate 
force constants with interatomic distance, of 
which perhaps the best known are Badger’s and 
Gordy’s rules. In the case of the latter, the force 
constant, 7c a b , of the bond between the atoms A and 
B, is given by the equation

*:ab =  a,V(xAXB/ d 2)V< +  b  (1 )

where a and b are constants, N  is the order of the 
bond between A and B, d, the internuclear distance, 
and xa, x-b the electronegativities. This equation 
is of interest since it involves the electronegativi­
ties of atoms A and B. However, it is difficult to 
understand why the force between two atoms 
should be a function of the product of electronega­
tivities, when most physical and chemical proper­
ties, e.g., dipole moment, have been shown to be re­
lated to their difference.

If the logarithm of the electronegativity2’3 of 
elements in Groups IV to VII is plotted against the 
logarithm of the corresponding covalent radius2’3 
divided by the number of its valence electrons, a 
good straight line is obtained, Fig. 1, corresponding 
to the equation

XA = 0.761(zA/rA)0’70 (2)
where ta is the covalent radius and za the number 
of valence electrons. A similar equation, viz.

XA = 0.31(za + l ) / r A + 0 .5 0  (3 )

has been derived by Gordy.3 However, if (2) is 
used to substitute for electronegativity in Gordy’s 
rule, (1), it is found that

/cab =  A ( z .aZb )0’625 X  d ~ 2’525 +  0 .3 0  ( 4 )

where A =  1.058aV, provided that
( t-at-b )0’525 =  ( rA +  rB)/2 =  d/2

which is a very good approximation for the range of 
possible values of covalent radii.

It can be seen that (4) is of the form of an equa­
tion put forward by Guggenheimer4

G.B =  A ' ( z a z b )0’6 X  d “ 2’ 46

Consequently, Gordy's result that the force con­
stant between two atoms depends on the product of 
electronegativities, is accidental. The main fac­
tors determining the force constant are the cova­
lent radius and the number of valence electrons of 
each atom. Electronegativity enters the force 
constant equation only because it is a simple func­
tion of both these quantities. It may also be noted 
that (1) on substitution with Gordy’s second equa­
tion, (3), does not go over easily into Guggenheim- 
er’s equation.

(1) For a recent summary: H . O. Pritchard and H. A. Skinner,
Chem. Revs., 55, 745 (1955).

(2) L. Pauling, “ The Nature of the Chemical Bond,’ ’ 2nd edn., 
Cornell University Press, Ithaca, N. Y., 1948.

(3) W . Gordy, Phys. Rev., 69, 604 (1946).
(4) Iv. M. Guggenheimer, Proc. Phys. Soc., 58, 346 (1946).



July, 1956 Notes 1017

Fig. 1.

The extension of this treatment to the remaining 
elements is made difficult by the problem of decid­
ing what constitutes the “ covalent”  radius of 
these elements. Gordy used Pauling’s values2 of 
tetrahedral covalent radii to establish (3), but it is 
doubtful whether these radii are covalent radii in 
the same sense as those of the more electronegative 
elements, since the former have been derived from 
crystal lattice distances.

1 acknowledge with gratitude the award of a 
Senior Research Fellowship from the Ministry of 
Supply. Thanks are also due to Dr. L. J. Bellamy 
for several helpful discussions.

NEUTRON EMISSION FROM ACTINIUM 
FLUORIDE

B y  K . W. F o st e r  an d  J. G. St it e s , J r .

Mound Laboratory, Monsanto Chemical CompanyMiamisburg, Ohio 
Received January 18, 1956

One of the methods developed to prepare the ele­
ment actinium is the reduction of actinium fluoride 
with lithium.2 Since fluorine is an excellent neu­
tron producer when bombarded by a-particles,3 
and since actinium 227 and many of its daughter 
products are a-emitters, it is to be expected that 
actinium fluoride would be naturally neutron ac­
tive. Likewise, it is to be expected that any ap­
preciable fluorine traces in metallic actinium would 
result in detectable neutron emission. Therefore, 
a study of the neutron yield from actinium fluoride 
was made, and from the data obtained in this study 
a method was developed whereby the purity of

(1) Mound Laboratory is operated by Monsanto Chemical Com­
pany for the United States Atomic Energy Commission under Con­
tract Number AT-33-1-GEN-53-

(2) J. G. Stites, M. L. Salutsky and B. D. Stone, J. Am. Chem. Soc.f 
77, 237 (1955).

(3) H. L. Anderson, “ Neutrons from Alpha Emitters,”  Preliminary 
Report No. 3, NP-851, December, 1948.

actinium samples could be determined by neutron 
counting techniques.

Pure actinium 227 is only mildly alpha active 
since 99% of the material decays by /3-emission, but 
the intensity of a-emission grows considerably as 
the various radioactive daughters accumulate. 
Accordingly, the intensity of neutron emission from 
any light element impurity should grow as more 
and more of the active daughters are formed.

The actinium alpha growth was computed from 
the available nuclear data.4 The neutron growth 
was then determined from this alpha growth and 
from the fluorine neutron yields at the various 
a-particle energies in the actinium decay chain.6'6 
A correction for the limited volume of fluorine that 
is available for nuclear reaction was applied,7 and it 
■was found that the theoretical neutron emission 
rate for 17.4 mg. of actinium fluoride (correspond­
ing to one curie of actinium 227) should grow from 
about 1,000 neutrons per second immediately after 
separation of the actinium from its daughters to a 
maximum of 1.07 X 106 neutrons per second after 
180 days.

A sample of actinium fluoride, weighing 0.77 mg., was 
prepared by adding an aliquot of actinium chloride solution 
to 24% hydrofluoric acid in a special Teflon centrifuge tube. 
This tube was constructed in such a manner that a small 
molybdenum cup, pressure sealed to the Teflon, formed the 
bottom of the tube. The precipitate was centrifuged into 
this container, and the container and its contents were re­
moved from the centrifuge and dried. The container was 
then closed with a special lid, and the assembly was sealed 
by an even coating of nickel which was deposited from the 
thermal decomposition of nickel carbonyl. The sealed as­
sembly was then neutron counted periodically for approxi­
mately four months. During this period the radioactivity 
content was determined by periodic calorimetric analysis.

The sample was found to contain 0.044 curie of 
actinium, and it attained a maximum neutron 
count of 53,400 ±  600 neutrons per second. Thus, 
the neutron emission rate from actinium fluoride 
was found to be 1.21 X 106 neutrons per second per 
curie of actinium in equilibrium with its daughter 
products. This compares favorably with the 
theoretical value of 1.07 X 106 neutrons per second 
per curie.

Both these values are subject to errors which may 
be quite large. The theoretical value is based on 
some rather uncertain neutron yields in the higher 
«-energy range, and the relation that was used to 
correct for a finite fluorine volume is empirical and 
has never been determined accurately for fluorine 
and actinium. The theoretical value may be 
wrong by as much as a factor of 2.

The experimental value suffers from the fact 
that the neutron emission rates were determined by 
comparing the sample with a radium-beryllium 
standard neutron source. There is no assurance 
that the actinium-fluorine neutron energy spec­
trum is sufficiently similar to the radium-beryl­
lium neutron energy spectrum to give the same 
over-all detector efficiency. In addition, the ab-

(4) Circular 499, National Bureau of Standards, September 1, 
1950.

(5) G. T. Seaborg and I. Perlman, Revs. Mod. Phys., 20, 585 (1948).
(6) E. Segre and C. Wiegand, “ Thick-Target Excitation Functions 

for Alpha Particles,”  M DDC-185, September 15, 1944.
(7) O. Sisman, “ Development of a Process for Production of 

Radium-Beryllium Sources,”  Final Report CNL-17, p. 4, January 28, 
1948.
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solute value of the standard is not known closer 
than ±  10%. Therefore, the actinium fluoride 
neutron emission rate determined experimentally 
is probably no better than ±  15 to 20%.

However, since the neutron emission from the 
fluoride sample, and the theoretical growth curve 
agreed quite closely over the growth period, and 
since the theoretical and experimental maximum 
values are of the same order of magnitude, one can 
conclude that the values that were used for com­
putation are approximately correct, and the neutron 
yields obtained by extrapolation from data in 
reference six are not, unreasonable. Thus, the use 
of neutron counting techniques for quantitative 
detection of trace quantities of fluorine in actinium 
appears feasible. There seems to be no serious ob­
jection to extending the technique to the detection 
of fluorine or other light elements, such as beryl­
lium or boron, in any of the alpha-active heavy ele­
ments.

We wish to acknowledge the assistance of Mr. 
R. D. Joyner and Mr. S. R. Orr, who found time 
between their regular duties to prepare the ac­
tinium fluoride and to perform the calorimetric 
assay. We are also grateful to Dr. H. W. Schamp 
for his assistance with the sealing problem.

THE INFRARED SPECTRA OF 
THREE ALUMINUM ALKOXIDES

B r  D o n ald  L . G u e r t in , St e p h e n  E. W ib e r l e y , 
W a l t e r  H. B a u e r  an d  J e r o m e  G olden son

Contribution from the Walker Laboratory of Rensselaer Polytechnic 
Institute, Troy, N. Y., and The Chemical and Radiological Laboratories 

Army Chemical Center, Maryland
Received January 25, 1956

Infrared absorption near 990 cm.-1 in aluminum 
di-soaps was ascribed to the aluminum-oxygen
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Fig. 1.— Infrared spectra of three aluminum alkoxides.

linkage by Scott, et a ll Ludke, et al.,1 2 later showed 
that this band was associated with the aluminum- 
oxygen-aluminum linkage rather than the alumi­
num-oxygen-carbon linkage. To verify this corre­
lation, it appeared of value to investigate the infra­
red spectra of several aluminum alkoxides. The 
spectra of aluminum isopropoxide has previously 
been reported3 but the spectra of the two other al­
koxides discussed in this paper are not available. 
The present work indicates that aluminum-oxy­
gen-carbon linkages give rise to absorption be­
tween 1028 to 1070 cm.-1.

Experim ental
A lcohols.— Alcohols were stored over Drierite for two 

weeks, filtered and distilled from calcium hydride. The 
boiling points and infrared spectra agreed with reported 
data.4

Preparation and Analysis of A lkoxides.— The alkoxides 
were prepared according to directions in Organic Reactions.5 6 
The boiling points of the alkoxides and analytical results for 
per cent, aluminum are presented in Table I.

T a b l e  I
A n a l y s is  o p  A lu m in u m  A l k o x id e s

Alkoxide B.p., °C. 
Lit.6

(mm.)
Found Al, %

Caled. Found
Isopro­

poxide 140.5 (8) 140 (10) 13.21 13.22
Sec.

Butoxide 180-181.5 (8) 160 (10) 10.95 11.03
2-Pent-

oxide 140-150 (10) 9.35 9.20
In frared Absorbance M easurem ents.— Infrared spectra 

were obtained on a Perkin-Elmer Model 21 double beam re­
cording infrared spectrometer equipped with rock salt optics. 
Alcohols were measured in a demountable liquid ceil without 
a spacer. Liquid alkoxides were measured in a fixed liquid 
cell with a 0.025 mm. spacer and in a demountable liquid 
cell without a spacer to resolve strong bands. Nujol mulls 
of the solid alkoxides were measured in a demountable 
liquid cell without a spacer. Potassium bromide windows7 
of the solid alkoxides were also prepared, but hydrolysis of 
the alkoxides occurred in these cases.

Results and Discussion
The infrared spectra of the alkoxides and the 

spectra of the corresponding alcohol in the region of 
8 to 12 ix are shown in Fig. 1. Table II presents the 
frequencies assigned to the A l-O -C linkage in the 
alkoxides studied.

T a b l e  II
F r e q u e n c ie s  (cm . -1 ) A ssociated  w it h  th e  Al-O-C  

L in k a g e  in  T h r e e  A l k o x id e s
Assignment,

Alkoxide cm .-1
Aluminum isopropoxide 1033
Aluminum sec-butoxide 1058
Aluminum 2-pentoxide 1070

(1) F. A. Scott, J. Goldenson, S. E. Wiberley and W. H. Bauer 
T his J ournal, 58, 61 (1954).

(2) W. O. Ludke, S. E. Wiberley, J. Goldenson and W. H. Bauer, 
ibid., 59, 222 (1955).

(3) J. V. Bell, J. Heisler, H. Tannenbaum and J. Goldenson, 
Anal. Chem., 25 1720 (1953).

(4) Am. Petroleum Inst., Research Project 44, Carnegie Institute
of Technology, “ Catalog of Infrared Spectral Data,’ ’ 1950: Spectro­
grams 428, 431 and 436.

(5) R. Adams, editor-in-chief, “ Organic Reactions ”  Vol. II, John 
Wiley and Sons, Inc., New York, N. Y., 1944, p. 198.

(6) “ Beilsteins Handbuch der organischen Chemie,”  Band 1, 
Vierte Auflage, 1943.

(7) M. M. Stimson and M. J. O’Donnell, J. Am. Chem. Soc., 74, 
805 (1952).
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As can be noted from Table II the frequency 
shifts with change in inductive effect of the alkane 
substituent.

According to Ingold’s8 theory the alkyl groups 
concerned can be listed in order of electron releas­
ing ability as

C  c  0

— c /  — c— c— c —  c—c - c — c

As the oxygen becomes more negative, the A l-0  
bond strength increases and the frequency in­
creases.

Fichter9 has assigned the Al-O-Al frequency in 
hydrated aluminum oxide to the region 945-980 
cm.” 1. In the case of silicon and phosphorus the 
Si-O-C and P -O -C  frequencies are higher than the 
corresponding Si-O-Si and P -O -P  frequencies. It 
is evident then that the assignment by Ludke, et a l.2 
of the band at 990 cm.“ 1 in aluminum soaps to an 
Al-O-Al type linkage is strengthened further by 
this study of the alkoxides.

Acknowledgment.— This study was conducted 
under contract between the Chemical Corps, U. S. 
Army, and Rensselaer Polytechnic Institute.

(8) C. K. Ingold, “ Structure and Mechanism in Organic Chemis­
try,”  Cornell Univ. Press, Ithaca, N. Y., 1953.

(9) R. Fichter, Helv. Phys. Acta, 19, 21 (1946).

ON THE DETERMINATION OF THE 
AUTOPROTOLYSIS CONSTANT 

OF ETHANOL
B y L .  M. M u k h e k je e

Physical Chemistry Laboratory, University College of Science and
Technology, Calcutta, India
Received February 3, 1956

The autoprotolysis constant of liquids such as 
water, ethanol or the like is a significant quantity 
in so far as the ionization of acids and bases in them 
is concerned, for the ionization of an acid in such 
solvents is considered to proceed as

HX +  H20  (or EtOH) -— >- H30+  (or EtOHU) +  X "

in which the solvent takes up the proton from the 
acidic solute, thereby itself acting as a base. To­
ward a basic solute, on the other hand, such a sol­
vent behaves in a relatively acidic fashion, by part­
ing with the proton available from it. This inherent 
property of the solvent acts in such a way that, be­
sides the effect of the dielectric constant of the 
medium, usually a decreased basicity (he., basic 
character) decreases the ionization of the acid but 
increases the acidity of the solution because the 
ionization takes place only as a result of the trans­
fer of a proton from a weaker to a firmer binding. 
The properties of a base should depend upon the 
acidity (acidic character) of the solvent in an anal­
ogous manner. Thus, the range of acidities that 
may be investigated in a given solvent decreases as 
the autoprotolysis constant increases.

The present communication is a report of the 
results derived from the determination of the value 
for the autoprotolysis constant of ethanol. The 
purity and dryness of the ethanol was characterized

by ultraviolet spectronhotometry.1 Previous in­
vestigations2 for the purpose of finding out this 
constant do not indicate the state of purity and 
dryness of the sample jf ethanol used; moreover, 
some of the assumptions made, such as the consid­
eration of the conductance ratio to give the activ­
ity coefficient, cannot be justified. Electrometric 
procedures had not been designed to eliminate the 
uncertain junction potential which is found to be 
present in practically £.11 the measurements so far 
undertaken. Again, measurement of the conduc­
tivity of such liquids, being too sensitive to the 
presence of impurities, coes not appear to be reliable.

The set of measurements outlined below involves 
titration of HC1 solutions in ethanol at two dif­
ferent initial concentrations against NaOEt solu­
tion in ethanol, with the help of the cell 

P t / H i ;  H C l / E t O H ;  A g / A g C l

following the method of Hammett and Dietz3 em­
ployed in the determination of the self ionization 
constant of formic acid, when used as a solvent. 
The value of the autoprotolysis constant has been 
calculated from the equation as

_log K  =  2.303R T /F  ~  log Ca X Cb

where K  is the autoprotolysis constant of ethanol ; 
C’a, the concentration (molarity) of the unneu-

Fig. 1.—  o, 0.0094 N  HCl/EtOH titrated with 0.1240 N 
NaOEt/EtOH ; □ , 0.0164 A'HCl/EtOH titrated with 0.2525 

N  NaOEt/EtOH.

(1) L. M. Mukherjee, Science & Culture (India), 19, 314 (1953).
(2) (a) P. S. Danner and J. H. Hildebrand, J. Am. Chem. Soc., 44, 

2824 (1922); (b) P. S. Danner, ibid., 44, 2832 (1922).
(3) L. P. Hammett and N. Dietz, ibid., 52, 4795 (1930).
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tralized acid; and Cb, the concentration (molarity) 
of the base, NaOEt, present in excess at two points 
on the titration curve on either side of the equiva­
lence showing a difference in e.m.f., represented by 
Eah. The values of the autoprotolysis constant so 
derived are presented in Table I with the concen- 
centrations of HC1 solution used for the measure­
ment. The actual titration curves are also given in 
the figure for reference.

T a b l e  I
K, the

Concn. autoprotolysis
of HC1, constant of

M  ethanol
0.0094 1.7378 X  1 0 "17
0.0164 1.7783 X  10~17

Thus, by eliminating the limitations of the 
method of measurement and securing a high state of 
purity of the sample of ethanol Used, the value for 
the autoprotolysis constant, K, of the solvent is 
found to be 1.76 X 10-17, which is, however, not in 
agreement with those obtained in the previous 
work2a-b consisting of e.m.f. as well as conductivity 
measurements.

My grateful thanks are due to Dr. S. K. Mukher- 
jee of the Department of Applied Chemistry, 
University College of Science & Technology, Cal­
cutta, for valuable suggestions and helpful criticism 
of the work and to Dr. A. K. Ganguly for kindly 
going through the manuscript.

TRIARYLBORON ANIONS. III. THE 
DISSOCIATION CONSTANT OF SODIUM 

TRIMESITYLBORON IN 
TETRAHYDROFURAN

B y T in g  L i Chu an d  T h eo d o r e  J. W e ism a n n

Department of Chemistry, Duquesne University, Pittsburgh, Pa.
Received February IS, 1956

The electrolytic conductance of sodium triphenyl- 
boron in ether solution has been studied by Bent 
and Dorfman1 in the concentration range l0~6 to 
10 ~2 3 M. However, the calculation of the dissocia­
tion constant of sodium triphenylboron from their 
conductance data is complicated by the fact that

Fig. 1.— Fuoss plot for sodium trimesitylboron in tetra- 
hydrofuran.

(1) H. E. Bent and M. Dorfman, J. Am. Chem. Soc., 57, 1924
(1935).

the ion-pairs of this compound associate to com­
plex aggregates in ether solution.2 On the other 
hand, sodium trimesitylboron has been shown to 
be monomeric in tetrahydrofuran solution, having 
one unpaired electron.3 We have measured the 
conductances of a series of sodium trimesitylboron 
solutions in tetrahydrofuran over the concentration 
range 2 X 10~6 to 10-4 at 20.0 and 35.0° and cal­
culated its dissociation constants by the Fuoss 
method.4

The calculation of the dissociation constant 
from the conductance data requires the dielectric 
constant and viscosity of the solvent. The dielec­
tric constants of tetrahydrofuran reported as 7.58 
and 7.16, respectively, at 20.0 and 35.0° were used.5 
The viscosities of tetrahydrofuran, measured with 
an Ostwald viscometer, are 5.09 X 10“ 3 and 4.34 X 
10-3 poises at 20.0 and 35.0°, respectively.

The functions F/A  and cpk/F, defined by Fuoss, 
were computed from the measured conductances 
and plotted in Fig. 1. In the concentration range 
studied, the Fuoss plots give linear relations. 
The extrapolation of these plots yields limiting 
equivalent conductances 82 and 108 at 20.0 and 
35.0°, respectively. The ion-pair dissociation con­
stants calculated from the slopes for

C6H3(CH,)3B -  Na+ zpH  C6H3(CH3)3B - +  Na+

are 4.3 X  1(D5 at 20.0° and 2.2 X 10“ 5 at 35.0°.
Experimental

The preparation of trimesitylboron and the purification 
of tetrahydrofuran have been described previously.3

Conductance measurements were made at 1000 cycles 
using a General Radio type 650-A impedance bridge with a 
Hewlittr-Packard audio oscillator as the source of oscillating 
current; bridge balance was detected by null point of an 
oscilloscope trace. Measurements repeated with an Indus­
trial Instruments Model RC-168 conductivity bridge, 
claimed to be accurate within 1% in the range used, were 
in good agreement with those made with the more elaborate 
setup.

The Pyrex conductance cells were cylindrically shaped, 
about 3.5 cm. in diameter and 8 cm. in height, with 2 cm. 
diameter bright platinum electrodes of 4 mm. spacing having 
vacuum tight leads. Cell constants of the two cells used, 
determined in the usual manner with potassium chloride 
solutions using the reference values of Benson and Gordon,6 
were 0.08963 and 0.08455 cm.-1 No significant change in 
the cell constants was observed over the temperature range 
20.0 to 35.0°. A 25 cm. length of 11 mm. Pyrex tubing with 
ground joint, connected to the cells, adapted them for use 
under vacuum. A small tube was attached parallel to the 
conductance cell above a constriction in the 11 mm. tubing, 
23 cm. from the base of the cell.

Solutions for the conductance measurements were pre­
pared in the following manner. An aliquot of a stock 
solution of TMB in benzene was placed in the conductance 
cell and a piece of freshly cut sodium in the side tube. 
The solvent was evaporated on the vacuum line and the 
residue evacuated for 24 hours. Sodium was distilled into 
the neck of the conductance cell, slightly below the con­
striction. A measured amount of predried tetrahydrofuran 
was distilled into the cell and the latter sealed off. The cell 
was placed on a mechanical shaker and the resistance of the 
solution measured intermittently until constant in two suc­
cessive measurements, when the reaction was considered 
complete. The cell was immersed in a thermostated oil- 
bath, which maintained a temperature constant to within

(2) T. L. Chu, ibid., IS ,  1730 (1953).
(3) T. L. Chu and T. J. Weismann, ibid., 78 , 23 (1956).
(4) R. M. Fuoss, ibid., 57 , 488 (1935).
(5) F. E. Critchfield, J. A. Gibson, Jr., and J. L. Hall, ibid., 75, 6044 

(1953).
(6) G. C. Benson and A. R. Gordon, J. Chem. Phys., 13, 473 (1945).
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0.05°, and the resistance measured at 20.0 and 35.0“. The 
specific conductance of the solvent was negligible in com­
parison with that of the solution measured. The concentra­
tion of the solution was calculated by assuming that the 
trimesitylboron was converted quantitatively to sodium 
trimesitylboron, and that the volume of the solution does 
not differ appreciably from that of the pure solvent.

Acknowledgment.—The authors wish to thank 
the Research Corporation for the Frederick Gard­
ner Cottrell grants which supported this work.

PHASE EQUILIBRIUM IN THE SYSTEM 
NiO-HsO1

B y L. A. R omo2
Department of Geochemistry, The Pennsylvania State University, 

University Park, Pa.
Received March 5, 1956

The isobaric decomposition of Ni(OH)2 has been 
investigated by Hiittig and Peters at various tem­
peratures.3 They found that the hydroxide de­
composes gradually at a constant pressure of 10 
mm. giving a series of hydrates which are converted 
into NiO at a temperature of 230°. More re­
cently, it has been reported that the complete con­
version of the hydroxide into the oxide takes place 
at a slightly higher temperature.4

Since Ni(OH)2 is used as a catalyst5" 7 in reac­
tions at fairly high pressures as well as high tem­
peratures, it is very important that some informa­
tion be obtained on the phase equilibrium and 
stability relations of Ni(OH)2 at various pressures 
and temperatures.

Experimental
The hydrothermal runs were made in “ test-tube” bombs 

which are attachable to a high pressure source of water by 
means of suitable fittings.8 They were heated to the desired 
temperature by means of furnaces provided with a tempera­
ture control.

The starting material used in all runs was Ni(OH)-, pre­
pared from NiN03 in solution by precipitation with 0.1 
N NaOH. Crystallization of this material was obtained 
by treating it hydrothermally at 200° and 10,000 p.s.i. for a 
period of 3 days. Small amounts of the hydroxide were 
packed in small envelopes made of silver foil. These en­
velopes were dropped into the “ test-tube” bombs which 
were then joined to the h:gh water pressure pump and 
heated at the desired temperature at a given pressure. 
After several trials, it was found that 24-hour runs were 
adequate. The products obtained on quenching the bombs 
were examined by means of X-ray diffraction. The readings 
of temperature and pressure are believed to be accurate 
within the limits of ± 5 °  and ± 1  kg./cm.2, respectively.

Results
(a) Phase Equilibrium.— In the system NiO- 

H20  there are two components and three phases. 
This according to the phase rule gives a univariant
3-phase equilibrium system. The composition of 
the two phases is constant depending only on

(1) The experimental work was carried out in the Department of 
Geochemistry, The Pennsylvania State University, University Park, 
Pennsylvania.

(2) Pigments Department, du Pont de Nemours, Wilmington, 
Delaware.

(3) G. F. Hiittig and A. Z. Peters, Anorg. allgem. Chem., 189, 183 
(1930).

(4) A. Merlin and S. Teichner Compi. rend., 236, 1892 (1953).
(5) S. J. Vies, Rec. trav. chim. Pays-Bas, 46, 743 (1925).
(6) K. Chakravarty and I. Ch. Ghosh, J. Ind. Chem. Soc., 4, 431 

(1927).
(7) A. Quartaroli, Gazz. chim. Hal., 57, 234 (1927).
(8) R. Roy and IS. F. Osborn, Econ. Geol., 47, 717 (1952).

Temperature, °C.
Fig. 1.— Phase equilibrium diagram of the system NiO- 

H ,0: o,Na(OH)2; • , NiO.

the water vapor pressure, thus, the phase equi­
libria relations can be represented by the p-t 
diagram. It is interesting to indicate that in some 
cases it was possible to determine the p-t values at 
which both NiO and Ni(OH)2 coexisted in equi­
librium with water vapor. This finding indicated 
that the univariant line represents the equilibrium 
boundary with a high degree of accuracy. It 
must be emphasized that in no case a conversion 
of NiO into Ni(OH)2 was recorded, even in cases 
where long time (10 days) runs were made.

The temperature of conversion of Ni(OH)2 into 
NiO in open air as determined by differential 
thermal analysis is 255 ±  5°.

(b) Heat of Reaction.— The AH value was cal­
culated by means of the Clapeyron-Clausius 
equation. The accuracy of the value calculated 
from this equation depends on two factors: (a)
the accuracy of the dp/dT values, i.e.., the slope 
of the univariant curve and (b) the value of 
AT' which is the change in molar volumes of the 
components of the system as a function of pressure 
and temperature. In this case, it can be stated 
that the Ap/AT at various values is highly accu­
rate, their error being within the magnitude of the 
error of measurement of temperature and pres­
sure. This is confirmed by the fact that it was 
possible to record p—t values where both phases 
coexisted in equilibrium. Changes in volume per 
gram of NiO and Ni(OH)2 are not known. How­
ever, if one considers that the specific volume of 
HoO changes considerably as the pressure and 
temperature are raised, it need not be considered
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critical the comparatively small changes in specific 
volume of the solid phases. Values for the molar 
volumes of water vapor were obtained from the 
Handbook of Physical Constants (for P  <  100 
atm.)9, and the tables given by Kennedy10 (for 
P >  100 atm.). The value of A V was defined as

AF =  FH2o<g) +  F n io (b) — F n u h o )2(s)

The AH calculated from values of Ap/AT taken 
along a hydrothermal pressure range of 10 to 1800 
kg./cm.2 with a corresponding temperature change 
of 250 to 310° is 12.0 ±  1.5 kcal. mole-1.

Acknowledgment.—The author wishes to thank 
Dr. R. Roy for reading the manuscript.

(9) R. W. Goranson, “ Handbook of Physical Constants,”  Geol* 
Soc. Am., Section 14, 211-212, 1942.

(10) G. C. Kennedy, Am. J. Set., 44, 100 (1950).

NEGATIVE “ N ET” HEATS OF ADSORPTION1
B y  D o n ald  G r a h a m
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Received March 8, 1956

Discussion.—The “ net” heat of adsorption of a 
vapor on a solid is the difference between the heat 
of adsorption and the latent heat of condensation. 
The term was first used in the belief that liquefac­
tion was the first step in adsorption.2 We now 
know that this belief was incorrect but “ net” 
heats are still widely reported and are useful when 
correctly interpreted. Negative values for the 
“ net”  heat were first observed in the adsorption 
of the first monolayer of water on charcoal, both 
by isosteric calculation3“ and by calorimetry.3b 
Some confusion has arisen in the treatment of such 
negative “ net” heats and a clearer understanding of 
the relations involved is needed.

Negative “ net” heats of adsorption result from 
a combination of two conditions: (1) An adsorptive 
vapor with a latent heat of condensation higher 
than that heat of its adsorption which does not 
include interaction between adsorbed molecules.
(2) Prevention (or at least severe limitation) of 
interaction between adsorbed molecules.

The widely discussed concept of a BET “ C”  
constant less than unity as a criterion of negative 
“ net”  heat has failed to meet the test of experiment. 
Also, the type 3 isotherm associated with a frac­
tional “ C”  constant represents strong lateral 
interaction. This concept is therefore in direct 
conflict with the required limitation of lateral 
interaction.

A second serious obstacle to understanding and 
general acceptance of negative “ net”  heats of 
adsorption has been the accompanying requirement 
that the entropy of the two-dimensional adsorbed 
film must be greater than that of the corresponding 
liquid. A two-dimensional gas model was proposed 
to explain the high entropy of water adsorbed on

(1) Presented before the Division of Colloid Chemistry, at the 128th 
National Meeting of the American Chemical Society in Minneapolis, 
Minnesota, September, 1955.

(2) A. B. Lamb and A. S, Coolidge, J. Am. Chem. Soc., 42, 1146 
(1920).

(3) (a) A. S. Coolidge, ibid., 49, 708 (1927); (b) F. G. Keyes and 
M. J. Marshal, ibid., 49, 156 (1927).

carbon with negative “ net” heat but was subse­
quently withdrawn as inadequate for treatment of a 
localized, hydrogen bonded adsorbate.4

Data are now available which permit a roughly 
quantitative definition of the isolation requirement 
by determining, from a break-down of the adsorbate 
entropy, the minimum distance between sites 
required to prevent interaction of adsorbed mole­
cules. The heat of immersion of Graphon in water 
combined with an adsorption isotherm at the same 
temperature yielded a negative “ net” heat of 
adsorption6 (supporting the results of references 
3a and 3b). Application of the BET equation to 
data for the adsorption of water and of nitrogen on 
Graphon indicated that only about 1/1500 of the 
total surface was receptive to water molecules. 
The authors recognized the implication that the 
active sites were isolated, preventing the interaction 
between adsorbed molecules which, when present, 
contributes strongly to the heat of adsorption. The 
indicated surface area per active site is about
16,000 A.2 corresponding to an average distance 
between sites of about 130 A. It is, therefore, 
reasonable to conclude that a molecule displaced 
from any site will re-enter the gas phase with 
negligible probability of moving directly to an­
other site.

The entropy analysis is made at the coverage of 
minimum integral molar entropy (0 ~  1), as this 
minimizes the error in estimating the configura­
tional contribution. The observed integral en­
tropy at this point was 29.3 e.u. The authors of 
reference 5 state that heterogeneity precludes any 
appreciable configurational term. However, the 
nature of the bond and the shape of the entropy 
plot indicate that the active sites were much more 
uniform than they believed and that the effect 
of configuration must be considered. Ideally, the 
integral entropy of configuration at 6 =  1 would 
be 0, but in real systems there is a residual con­
tribution at the entropy minimum due to some 
second layer deposition before the first monolayer 
is complete. This quantity has been estimated to 
be about one entropy unit6 leaving 28.3 e.u. for the 
degrees of freedom associated with the motion of 
the adsorbate molecules. The adsorbed molecules 
can rotate freely in the plane of the surface but 
there may be some hindrance in the other two 
coordinates. The barrier is probably small as 
acetone adsorbed on mercury with a comparable 
heat apparently retains almost unhindered rota­
tion.7 Loss of only about 2 units of rotational 
entropy is therefore assumed, leaving 8.4 e.u. for 
adsorbate rotation.

Part of the translational entropy of the gas is 
converted to what may be treated as a weak vibra­
tion perpendicular to the adsorbent surface. 
Kemball7 has developed a method for estimating 
this contribution. For water on Graphon at 25°, 
his method gives a value of 2.6 e.u.

(4) J. H. deBoer, “ The Dynamical Character of Adsorption,” 
Oxford University Press, London, 1953, p. 53, 234.

(5) G. J. Young, J. J. Chessiek, F. II. Healey and A. C. Zettlemoyer, 
T h is J o u r n a l , 58, 313 (1954).

(6) L. E. Drain, Science Frog., 42, 008 (1954).
(7) C. Kemball, Proc. Roy.. Soc. (London), A190, 117 (1947).
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This entropy breakdown may be summarized as
Obsd. integral adsorbate entropy, e.u. 29.3

Configurational entropy, e.u. 1.0
Rotational entropy, e.u. 8.4
Entropy of vibration perpendicular to

adsorbent surface, e.u. 2,6
Total 12.0

Residual entropy assigned to motion in
plane of adsorbent surface, e.u. 17.3

The residual 17.3 ex ., assigned to motion in the 
plane of the surface, determines the separation 
required for isolation of sites. Since the bond is 
weak and predominantly electrostatic, an adsorbed 
water molecule will have very considerable mobility, 
over the site. This suggests, as a useful approxima­
tion, that the motion in the plane parallel to the 
adsorbent surface be treated as translation instead 
of vibration. If the adsorbed molecule is assumed 
to move at random within a circle of which the site 
is the center, the radius of this circle may be cal­
culated from the residual entropy.

The partition function for isolated translation in 
two dimensions gives, by the usual methods of 

„ 2wmkTa

statistical mechanics, the following expression for 
the translation entropy

S t  = R [in 2wn̂ Ta +  i j

R =  gas constant 
m =  mass of one molécule 
k =  Boltzmann constant 
T =  absolute temp.

a =  area covered by the 
oscillation of an ad­
sorbed molecule 

h = Planck’s constant

Solution for a (from an entropy of 17.3 e.u.) gives a 
value of 120 A.2 for the area of freedom of an 
adsorbate molecule. The corresponding radius is
6.2 A., indicating a necessary separation between 
sites of roughly 12 A. It is apparent from this 
result that the hydrophilic sites on Graphon are 
much more widely separated than the minimum 
necessary to prevent interaction between adsorbed 
molecules. The area normally occupied by an 
adsorbed water molecule is about 10.8 A .2.8 Essen­
tially complete isolation of sites should thus be 
possible, if the area of she first water monolayer is 
less than about one-eleventh of the total surface 
area of the adsorbent and if the sites are not 
grouped in clusters.

(8) II. K. Livingston, J. Colloid Sei., 4, 447 (1949).

COMMUNICATION TO THE EDITOR

SECOND EXPLOSION LIMITS OF CARBON 
M ONOXIDE-OXYGEN M IXTURES

Sir:
In a criticism1 of our recent paper on this sub­

ject2, points were raised which do not clearly reflect 
the content of our paper. It was claimed that 
since our results were influenced by surface, no 
mechanism could be deduced from the experi­
mental results. There is no logical reason for the 
above criticism if the effect of surface is taken into 
account.

We have reasons from both experimental and 
theoretical evidence for the various elementary 
reactions in our mechanism. We have also dis­
cussed and rejected key reactions in previously 
postulated mechanisms. Where our mechanism 
might be questioned upon theoretical grounds, we 
have given detailed justification. Contrary to the 
statement of Roth, von Elbe and Lewis,1 the mech­
anism which we have postulated easily accounts for 
the effects of composition, surface to volume ratio, 
and inerts. In addition, this mechanism is con­
sistent with our spectral studies of the C 0 -0 2 
explosion.3

Roth, von Elbe, and Lewis1 claim that they have 
developed a procedure which effectively suppresses

(1) W. Roth, G. von Elbe and B. Lewis, Tina J o u r n a l . 60, 512 
(1956).

(2) A. S. Gordon and R. II. Knipe, ibid., 69, 1160 (1955).
(2) R. H. Knipe and A. S. Gordon, J. Chem. Phys., 23, 2097 (1955).

the surface chain branching reaction “ over a wide 
range of mixture composition and temperature.”  
However, their published data and curves4 show 
that this lack of surface dependence exists only at 
one mixture composition, namely, 1C0:202. Com­
positions on either side, 4C 0:102 and 1C0:402 
show a large surface effect.

Von Elbe, Lewis and Roth claim that they lose 
surface dependence when they heat their vessels 
for two hours under vacuum at 800-900° (using a 
1C0:202 mix). Using the same mixture, we have 
previously reported that this treatment did not 
lessen the effect of surface.

The heating is claimed to remove a strongly ad­
sorbed film of C 02 whic h they believe is responsible 
for the surface effects. We have grave doubts that 
C 02 plays such a role because, as discussed above, 
their loss of surface dependence is for only one 
composition. Also, both von Elbe, Lewis and 
Roth, and ourselves report a slow reaction prior to 
the explosion. Thus, even if the walls were clean 
at the start they should be covered with C 02 by 
the time that the explosion temperature is achieved.

Von Elbe, Lewis and Roth derive Eq. 2 in their 
paper4 from the following postulated reactions 
(using their notation)

O + C2 +  M = Os + M (I)
O +  CO +  M = CO +  M (II)

(4) G. von Elbe, B. Lewis and \V. Rotli, ‘ ’Fifth Symposium on
Combustion,”  Reinhold Publislang Corp., New York, 1955, p. 610.
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CO* +  0 2 =  C02 +  20 (V)
COi +  0 2 +  M =  C02 +  0 2 +  M (VI)

Employing the usual technique of setting the rate 
of chain break reactions equal to the rate of chain 
branch reactions for the critical situation at the 
chain branch explosion limit, the following equa­
tion is readily derived

 ̂ _ fcl/o,
r i \r i  _ I'5 ______ k ' / co

" k i . f c / o .
f o / c o

Unfortunately, the authors have confused the sign 
of the numerator and denominator in their deri­
vation and their published Eq. 2 reads

[M], =
1 I C /o, 

h hfco
j _ kifoi

fe/co

This is not a typographical error, since the authors 
make the point that their equation predicts an 
infinite pressure limit at a critical value of mix­
ture composition which is consistent with their 
data. The correctly derived equation predicts a 
zero pressure limit at this critical value of the mix­
ture composition. It should be noted that equa­
tion 2 is the crux of their discussion.
C h e m is t r y  D iv isio n  A lv in  S. G ordon
U. S. N a v a l  O rd n a n c e  T est  Sta t io n  R. H. K n ipe
C h in a  L a k e , C a l if o r n ia

R e c e iv e d  A p r il  30, 1956
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