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PRESEPARATION PHENOMENA AND MICROCOACERVATION
B y  F u m io  O o s a w a

Department of Physics, Faculty of Science, Nagoya University, Nagoya, Japan 
Received July 8, 1954

The preseparation phenomena of solutions are discussed. With the aid of some numerical examples it is pointed out that 
solutions of high molecular weight substances often show marked preseparation. This is probably one of the reasons why 
microcoacervation is easily observed in these solutions. The changes in size distribution and in the total volume of the 
second phase were investigated by Frenkel’s method.

The pretransition phenomena, which in general 
take place before the macroscopic phase transition, 
have been treated theoretically by several authors; 
the precondensation of gases and premelting of 
solids have been dealt with.1'2 In this paper 
we have discussed the preseparation phenomena of 
solutions using for the most part a method similar 
to that employed by Frenkel in the theory of 
precondensation.1 It was found that in solutions 
of high molecular weight substances the presepara­
tion is sometimes large enough to be observed owing 
to the characteristics of these solutions. The 
feature of the phase separation in them is changed; 
for instance, the macroscopic separation point 
deviates from that which would be expected if only 
the equilibrium between the macroscopic phases 
were taken into consideration.

Preseparation can be regarded as a concentration 
fluctuation.3'4 Under ordinary conditions the con­
centration in a small volume of the solution fluctu­
ates only within the neighborhood of the average 
concentration. However, near the separation point 
the fluctuation to the second phase cannot be 
disregarded. It is well known that near the 
critical mixing point of a solution the con­
centration fluctuation, like the density fluctuation 
of a gas near the critical point,8'6 becomes very

(1) J. Frenkel, J. Chem. Phys., 7, 200, 538 (1939); “ Kinetic Theory 
of Liquids,”  Oxford, 1946, Chap. 7; W. Band, J. Chem. Phys., 7, 324, 
927 (1936).

(2) J. E. Mayer and M. G. Mayer, “ Statistical Mechanics,”  John 
Wiley & Sons, Inc., New York, N. Y., 1940, Chap. 13 and 14; W. G. 
McMillan and J. E. Mayer, J. Chem. Phys., 13, 276 (1945).

(3) M. V. Smoluchovski, Ann. Physik, 25, 205 (1903); A. Einstein, 
ibid., 33, 1275 (1910).

(4) P. Debye, J. Appl. Phys., 15, 338 (1944); T his Journal , 51, 
18 (1947).

(5) O. K. Rice, J. Chem. Phys., 15, 314 (1947); R. W. Rowden

large because of the infinitely small value of the 
second order derivatives of the free energy. In 
this discussion it is pointed out that solutions 
of high molecular weight substances, even in the 
region far from the critical mixing point, show a 
large concentration fluctuation to the second phase 
before phase separation occurs. Indeed, the large 
fluctuation of these solutions has been studied by 
many authors, but their discussions have been 
limited to the fluctuation in the neighborhood of the 
average concentration.4'6

Preseparation is related to the microcoacerva­
tion seen in biocolloids or high polymer solutions.7 
Microcoacervation is a complicated state, which is 
regarded in most cases ks transient or metastable. 
Preseparation, however, might be regarded as an 
ideal case of equilibrium microcoacervation.

Heterophase Fluctuation.—As the simplest case, 
we shall consider a two-component solution with 
the solubility curve shown in Fig. la. When the 
temperature T  is decreased, the solution of the 
concentration c0 separates into two phases at the 
temperature TV The ratio 9 of the total volume 
of the second phase to that of the whole solution 
changes with T  as shown by the curve (APB) 
in Fig. 2. In certain cases, however, owing to 
preseparation small volumes of the second phase 
may be formed in the first phase before macroscopic
and O. K. Rice, ibid., 19, 1423 (1951); M. J. Klein and L. Tisza, 
Phys. Rev., 76, 1961 (1949).

(6) H. C. Brinkmann and J. J. Hermans, J. Chem. Phys., 17, 574 
(1949); J. G. Kirkwood and R. J. Goldberg, ibid., 18, 54 (1950).

(7) A. Dobry, J. chim. phys., 35, 387 (1938); 36, 102, 296 (1939); 
H. G. Bungenberg de Jong, Kolloid Z., 79, 334 (1937); 80, 221 (1938), 
“ Colloid Science,”  edited by H. R. Kruyt, Elsevier Press, Inc., Hous­
ton, Texas, 1949, Yol. II, Chap. 8; J. Th. Overbeek, Yol. I, Chap. 
7.
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separation and 6 may be observed as shown by 
curve (a) in Fig. 2.

The relation between cq (g./ml.) and the free 
energy F 0 (per ml.) of the solution at temperatures 
lower than the critical mixing temperature T » 
is illustrated in Fig. 3. As already mentioned, 
when Co is far from the concentration range between 
Ci and c2 or when T  is sufficiently higher than To, 
the concentration c in the small volume v fluctuates 
only in the neighborhood of c0. The probability 
of such a fluctuation is given by3'4

exp ( -'U vm F o/ m / Z cM c  -  Co)2) (1)
When Co approaches Ci, or when T  approaches T 0, 
the fluctuation to the heterogeneous state repre­
sented by the dotted line in Fig. 3 occurs. If c 
in v becomes larger than ch the solution in v becomes 
heterogeneous. The probability of such a fluctua­
tion is easily calculated. As a special case, the 
probability that v as a whole forms the second 
phase of the concentration c2 is

exp ( — v(d2(F<¡/kT)/dCf¡'i)(ci — c0)(c2 — Ci)) (2) 
which may be rewritten as 
exp ( —vNq(i>(Píi/RT)/i>Co)(c2 -  c,) X

(d ln Cl/d r „ ) (r  -  To)) (3)
where P 0 is the osmotic pressure, No the Avogadro 
number, and (d c i/b T q ) the gradient of the solubility 
curve at TV If cu is small

d(F0/RT)/dc„ = 1/M +  2 A 2co +  . . . (4)
M  is the molecular weight of the solute and A% 
the second virial coefficient. If the value of (3) 
is not much smaller than unity, in other words, if 
( T  — T 0) is small enough to satisfy this condition, 
the small volumes of the second phase produced in 
the solution will be sufficient to be observable. In 
solutions of high molecular weight substances this 
condition is comparatively easily satisfied because 
of the following characteristics: (i) d (P 0/R T ) /d c o  
is small because of large M .  (In the neighborhood 
of To, Aq is negative and therefore d ( P 0/ R T ) / b c 0 
is in general smaller than 1 / M . )  (it) In solutions 
of high molecular weight substances, especially of 
linear high polymers or of fibrous proteins, the 
concentration of the second phase is small. This 
means that the solubility curves are not sym­
metrical (Fig. lb) and the difference (c2 — Ci) 
is small even in the region far from the critical 
mixing point (IT, c«,). That this dissymmetry

is characteristic of solutions of linear and large 
molecules has been shown theoretically.8 The 
solubility curves of most solutions of low molecular 
weight substances have no great dissymmetry and 
(c2 — Cj) is large except in the region of the critical 
point.

For example, given the solution of a high 
molecular weight substance, in which M  =  10“, 
cq — Ci = 3 X 10-2, d In Ci/dlo = 0.2, and v =  

(3) = exp (-40(1 -  T o)). When T  — To 
= 1/10, (3) = 5 X  10-2. Then it should be possi­
ble by regulation of the temperature to make the 
value of (3) large enough for observable presepara­
tion.

On the other hand, if we have the solution of a 
low molecular weight substance, in which M  = 50, 
cq — Ci = 0.5, d In Ci/dlo = 0.2, and v =  10~15,
(3) = exp ( —105(T — To)). Even if much smaller 
values of v are assumed, (3) is still so small that the 
conditions necessary for observable preseparation 
cannot be satisfied.

Size Distribution of Particles of the Second 
Phase and Change of Their Total Volume.—In the
last section it was shown that in some cases the 
preseparation or the fluctuation to the second 
phase is not negligible even in the region far from 
the critical mixing point. In these cases the 
fluctuation of the solution in v to a homogeneous 
state of a concentration between Ci and c2 is still 
negligible. For example, if M  = 10“, v = 10~15 
and (c — Co) = 5 X 10 _3, the probability of this 
fluctuation (1) is exp (—102); if (c — cc) = 10~2,
(1) = exp ( — 6 X 102). Although the actual 
probability is somewhat larger than (1), it is still 
negligible. The difference between the presepara­
tion under discussion and the fluctuation which 
occurs near the critical mixing point is made clear 
by this fact. In the latter case it is impossible to 
define two coexisting phases distinctly; in the 
present case, however, this definition is both per­
missible and possible. Thus the preseparation 
state may be considered as a mixture of two phases, 
the concentrations of which are nearly equal to c0 
(=  Ci) and equal to c2, respectively. The second 
phase is suspended as many small particles of 
various sizes and shapes. The concentration in 
them is uniform (c2) and the free energy of the

(8) P. J. Flory, J . Chem. Phys., 10, 51 (1942); 12, 425 (1944);
13, 453 (1945); “ Principles of Polymer Chemistry.”  Cornell Univ. 
Press, Ithaca, N. Y., 1953, Chap. 12.
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particle of volume v may be written as v F 0(Ci) +  
<jv. When v is large, the correction term u,., 
being positive, is approximately proportional to the 
surface area of the particle. Of course there may 
be small fluctuation in the solution which cannot be 
treated as a phase. This situation is understand­
able, when the particles are compared with the 
clusters in the condensation theory.2 The large 
clusters correspond to the particles of the second 
phase; i .e . , the contribution to the cluster integrals 
from the particles of concentration c2 is overwhelm­
ingly large. The smallest clusters are included in 
the theory of the macroscopic homogeneous phase 
or in F 0. Although the clusters of intermediate 
size should not be so simply treated, we shall 
temporarily apply to them the expression of the 
free energy developed for the larger clusters; 
their o*p values may be relatively large.1

The volume vt , in which one solute molecule 
(and some solvent molecules) are contained, is 
taken as the unit volume of the second phase. 
When small particles of various sizes ( l is an
integer) are suspended in the solution, the free 
energy of the ivhole solution is written as

F(co.»,) =  PFo(co) +  FAF +  23 »i«n ~  TS(n,) (5)
l

where
AF  =  1A ( c)2P o/ c>Co2) ( 2 ( c2 — Ci)(ci — Co) 8 +  (c 2 — c i ) 202)

and
9 -  E  Imro/F

i

m  denotes the number of particles of the size too, 
o'! their surface free energy, and S (m ) the mixing 
entropy of all particles. In deriving the above 
equations, the effect of the fluctuations to the 
second phase on the whole solution has been taken 
into consideration up to the order of 82. When 
J<1,  S{ra) may be expressed as
S(ri;) =  —k ( J ]  ni In ( ni/(n0 +  23 ni) )  +  

l l
no In (no/(no +  Z  »* ))) w  

l
where n0 is the number of solute molecules in the 
first phase. From these equations the equilibrium 
values of are given by

ni = no exp { —5(9 — 80)l — (tn/kT)) (7)
where

5 = VoNa(Z>(P/RT)/i>co)(c2 — ci)2/ro 
0a =  (c o — c i ) / ( c 2 — Ci)

9/(1 —  9) =  ( c « / c ^ J " h l exP ( — —  0o)f —

(*,/kT ))dl (8)

kvt means the volume of the smallest particles' 
These equations are valid only when the integral 
in (8) converges, i .e . , when 5(8 — 0O) > 0. If 
T  >  To, this condition is always satisfied, because 
0O < 0. When T  <  To, dQ, corresponding to the 
curve (PB) in Fig. 2, becomes positive. Then at 
T s, determined by the equation
9o(Ta)/(i -  e,(T .)) =

(co/c2) f  / exp ( — (ai/kT.)) dl (9)
J  to

6 (T a) must become equal to 0P(TS) and curve (a) 
intersects curve (PB) in Fig. 2. Above T a, the 
change of ru and 0 with T  can be traced by (7) 
and (8), anc m  evidently decreases with increasing
l. Below T s, according to (7), ni increases with l 
for large l and (8) diverges; this means that the 
macroscopic second phase is formed and 0 (T) must 
coincide with 60( T ) , as shown in Fig. 2. Thus T s 
is just the macroscopic separation temperature 
observed and (To — T a) =  Q (Ta)(c 2 — Ci)(d In 
d/ani/ci.9

A theory of solutions, which dealt with every 
possible configuration and distribution of all 
molecules, would include the preseparation state 
and would give the true separation temperature 
T s directly. However, the T (, predicted by most 
theories10 deviates from T a as shown in Fig. l,n 
because homogeneity is assumed except for the 
influence of small clusters and the large hetero­
geneity is neglected.

If the surface tension between the two phases is 
not too small, the particles of the second phase can 
show no large deviation from the spherical shape 
and 07 will be proportional to V/z, i .e . , <n =  uoVh . 
Obviously 8 {T S) increases with decreasing <r0/ k T s. 
When two regular solutions, the concentrations of 
which are e, and c2, are in contact, the excess energy 
due to the contacting surface, <r, is approximately 
given by12

a/kT =  jV '( l /z ') ( l /p 2)(c2 -  cY&H/RT  (10)

N '  is the total number of solute and solvent mole­
cules on the surface, z ' a number between 2 and 4, 
and p the density of the solute. A H , which denotes 
the heat of mixing of one mole of solute with the 
solvent at infinite dilution, is positive for partially 
immiscible solutions. The actual surface tension 
is probably less than this because of rearrangement 
of molecules at the boundary.

For solutions of low molecular weight substances, 
in which AH / R T  =  2 and (c2 — c,) = 0.5, the sur­
face tension calculated by (10) is of the order of 1-10 
dynes/cm. In this case ue/ k T  is so large that 
B (T a) becomes negligible; e .g ., u , /k T  is about 30 
to 300 even for a very small particle of v = 10-19. 
In solutions of high molecular weight substances 
(c2 — Ci) is much smaller and A H / R T  also is less. 
According to the theory of regular solutions of low 
molecular weight substances, A H / R T  =  2 at the 
critical mixing point. 10 Smaller critical values of 
A H / R T  have been found for solutions of high 
molecular weight substances. 13 This is due to the

(9) In the general case of multi-component systems, if similar 
approximations are used, 8(6 — do)l in (7) may be replaced by E E

i j
v(d2Fo/bciidcji)(ci2 — cn)(cj2 — cji) ( 6  — 0o) for sufficiently large v and 
the behavior of 6 will be similar to that described above; c% is the con­
centration of the ¿-th component and the suffixes 1 and 2 represent 
the two phases, respectively.

(10) For example, the theory of regular solutions and the theory 
of high polymer solutions based upon the lattice model; ref. 8; R. H. 
Fowler and E. A. Guggenheim, “ Statistical Thermodynamics,”  
Cambridge, 1939, Chap. 8, etc.

(11) It is remarkable that the deviation of the solubility curve is 
always inward.

(12) This expression is applicable to linear high polymer solutions 
if the monomer is used as the unit for defining Nr, and AH.

(13) The simple theory for linear high polymers gives a value of 
Vz or less and even smaller values have been found experimentally.8
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fact that in the case of large M ,  as soon as A 2 be­
comes negative, b ( P o /R T ) /d c 0 becomes negative. 
Thus, if AH / R T  = 1/ t and (c2 — Ci) = 2 X 10~2 
(ci = 10“3, c¡ = 2 X 10-2), the surface tension is 
of the order of 10 ~3 dynes/cm. and <rv/ k T  of a par­
ticle of the diameter 10-5 cm. is of the order of 10. 
6 (T a) can be calculated from the approximate 
formula
f l (r .) /( l  -  0(TS)) =

(co /c ,) f  "  l e x p ( -(< r „/kTa)l'/>) dl (1 1 )
J  h

Then if M  — 105 (v<¡ = 1CH17), <r =  3 X 10-3 
dynes/cm., and U = 5, 0(TS) is about 5 X 10-3 14;
i .e . , the particles of the second phase larger than 
loVo occupy 0.5% of the total volume of the solution. 
Even when T  is a little apart from T B, d {T ) is still 
large, because in these solutions Sd0 is small as 
shown in the last section. Hence preseparation is 
often observable in the solutions of high molecular 
weight substances and their characteristics dis­
cussed above may account in part for the fact that 
microcoacervation is easily seen in them. Similar 
conclusions are obtained with regard to phase 
separation by precipitants.

In the case of the very small surface tension the 
right-hand side of (9) approaches unity. In that 
event T s cannot be found and a discontinuous 
macroscopic phase separation is not observed (Fig. 
2b). Figure 1 shows that with an increase in T 0, 
(c? — Ci) and consequently a0/ k T  are decreased; 
if in the example cited for solutions of high molec­
ular weight substances (c2 — Ci) becomes smaller 
than 10-2, macroscopic separation does not occur. 
Even in this case the solution may be regarded as a 
mixture of the two phases, because the fluctuation 
to homogeneous states between ci and c2 is still 
negligible. At such temperatures, therefore, the 
submicroscopic second phase grows continuously 
throughout the concentration change.15 When 
T o approaches more closely to T», the solution can 
no longer be regarded as a mixture of the two phases

(14) 9 thus obtained contains only the contribution from the con­
figuration corresponding to the second phase, although for very small 
l or Ivo the fluctuation to the state between ci and ci is not always 
negligible.

(15) The range of temperature in which this occurs may be related 
to the range between the two critical temperatures Tm and Tc in the 
theory of condensation.2»5 (According to the approximations used 
here, however, the osmotic pressure changes continuously throughout 
the concentration change.) Since of course the idea of suspended 
particles is not applicable to this case, it will be discussed elsewhere 
on the basis of the lattice model of solutions.

and the fluctuation takes place over a wide range 
of concentrations.3’5

Preseparation influences the osmotic pressure 
and turbidity. The true osmotic pressure P ,  
which is smaller than P0, can be derived from F  of
(5) instead of F 0 by differentiation. The following 
approximate relations are obtained
(Po -  P)/Po = (c,/eoX 1/(1 -  »)) = ( Z  ln0 / ” ° (12)

l
P(ro, T,)/RT =  Ci/M +  A2cP +  . . .  =

Po(ci, T,)/RT (13)
The turbidity of the solution r is inversely propor­

tional to d ( P /R T ) /d c 0 and is larger than to, the 
turbidity of the imaginary homogeneous solution 
derived from d(Po/PT)/c)co. The relative incre­
ment is written as16
( t  -  t 0) / t „ =  (d((P„ -  P)/RT)/dc0)/(d(,P/RT)/dco) =

(ZPn/t/no (14) 
l

If the particles of the second phase are regarded 
as associated solute molecules, the molecular 
weights of which are I M , the same expression with
(14) is obtained.6’17 For a solution of the high 
molecular weight substance with the same numeri­
cal values as the example in the preceding section, 
(r — to) /t0 at T s, calculated by similar approxima­
tions with (11), was found to be of the order of 
unity.18 The increase of the turbidity near the 
separation point can be predicted from the simple 
theories of F n due to the decrease of d ( P 0/ R T ) /  
ben,8'19 but the present discussion concludes the addi­
tional anomalous increase due to preseparation.20

(16) t in (14) is the turbidity at the scattering angle of zero or that 
determined with light of very long wave length. The turbidity at a 
finite angle is useful for the determination of the average size and 
shape of particles; however, in the present case, where the particles 
are polydisperse, the analysis is difficult; ref. 4, 6, 17.

(17) G . Mie, Ann. PhysiJc, 25, 377 (1908); B. Zimm, J. Chem. 
Phys., 16, 1093, 1099 (1948).

(18) The weight average value of l, < l>  = (2tZ2nj)/(2iZnj) = 
( (r  — to) / to) (P o/CPo — P)) ,  is calculated from (11), (7) and (14); 
the numerical values, however, have no rigorous meaning because 
of the rough approximations employed, especially of those concerning 
small particles. The fact that in solutions of high molecular weight 
substances calculated values of < l>  can be considerably larger than 
lo suggests the important role of large particles in them.

(19) P. Debye and F. Bueche, J. Chem. Phys., 18, 1423 (1950).
(20) In solutions of multi-component solvents the selective absorp­

tion of the solvent by the solute may be another cause of the anomalous 
turbidity.21 However, if the relation between the refractive indices 
of components makes this interpretation impossible, the anomalous 
turbidity must be attributed to preseparation.

(21) R. H. Ewart, C. P. Roe, P. Debye and J. R. McCartney, 
J. Chem. Phys., 14, 687 (1946).
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THE VAPOR PRESSURE OF MERCURY AT 250-360°
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The vapor pressure of mercury was measured with a new-design isoteniscope in the region 250 to 360°. The vapor 
pressure fits the equation logio P  =  10.59901 -  3335.027/d — 0.865372 logio 9 (1), in which e =  273.160 +  t, with t in °C. 
(Int.)

This Laboratory is currently engaged in the 
determination of some thermodynamic properties 
of rare earth-metal solutions. In the course of this 
study it was desired to measure the vapor pressure 
of mercury. The necessary apparatus was con­
structed for this purpose, and included a new type 
of isoteniscope, and a thermostat bath which 
controlled the temperature of a molten salt bath to 
±0.005° between 225 and 400°.

In order to determine the accuracy attainable 
with this apparatus, the vapor pressure of pure 
mercury was measured at a number of tempera­
tures between 250 and 360°. The design of the 
isoteniscope used in this research is being modified 
at present to make the instrument more rugged. 
The values obtained for the vapor pressure of 
mercury were more self-consistent than any data 
previously reported, but the least-squares expres­
sion agrees very well with the values found by 
other investigators.

Apparatus.—The isoteniscope, Fig. 1, was constructed of 
Pyrex glass. The pressure-sensitive element was a 0.2 
mm. thick glass diaphragm made in a glass-blower’s lathe 
from a section of 45 mm. tubing. The platinum contacts 
were connected through a relay system to solenoid valves 
which automatically regulated the pressure above the 
diaphragm to within about 5 mm. of the pressure in the 
system. The pressure of the system was determined more 
accurately by manually adjusting the pressure above the 
diaphragm until the “ break”  point was just reached. 
The external pressure was then measured with a manometer 
and cathetometer system accurate to ±0 .05  mm. The 
isoteniscope was constructed so that even with a vacuum 
in the system it required several millimeters of pressure 
above the diaphragm to reach the “ break”  point. This

TO PRESSURE

Fig. 1.— Isoteniscope.
(1) W ork was performed in the Am es L aboratory of the Atomic 

Energy Comm ission.

was called the zero correction and was subtracted from all 
readings. The zero correction was determined at various 
temperatures by a calibration run prior to the actual run 
with mercury. The correction changed by about 1 mm. 
from room temperatures to 300°.

A 25-ml. flask was connected to the isoteniscope and also 
to a vacuum system. A number of sealed glass tips which 
could be broken by “ magnetic hammers”  were included to 
connect the _Tg flask with the vacuum system. This is 
especially important when the vapor pressure of an amalgam 
instead of pure Hg is being measured, because the composi­
tion of the amalgam can be changed by distilling Hg out of 
the system without opening the system to the atmosphere.

The thermostat bath and control circuit are shown 
diagrammatic ally in Fig. 2. Two elements, each about 
100 ft. in lengch, were wound together around the steel core, 
one of #18 “ Chromel A ”  wire for the heating current, and the 
other of #20 ‘ ‘Hytempco ’ ’ wire for a resistance element. The 
windings were separated from each other and the steel core 
by 3/16 in . poreelain fish spine insulators strung on the wires.

Fig. 2.— Thermostatic bath and control circuit.

The resistance winding was balanced at any desired bath 
temperature in a Wheatstone bridge circuit, thermostated 
in oil at 25°. Any unbalance of the bridge resulting from 
heating or cooling of the resistance winding of the furnace 
was detected by a galvanometer whose beam activated a 
photocell relay circuit. When closed, this relay circuit 
shunted out a variable resistor in the power circuit, thus 
increasing the power input to the bath. Although the 
temperature of the air gap in the thermostat may have 
fluctuated because of the cycling, the large heat capacity 
of the salt-bath compared to the air gap prevented the 
salt-bath from exhibiting variations in temperature due to 
the cycling. As a result of the stable control circuit and the 
large heat capacity of the salt-bath, the temperature of the 
bath was constant within ±0.005° for several hours and 
±0 .01° for much longer periods.

The thermostat was mounted on an elevator which per­
mitted it to be raised and lowered. The isoteniscope 
system remained fixed in position, with the source of heat 
being raised to it. The inner container of the thermostat 
was made of nickel sheet, and contained a salt-bath mixture 
of N aN 03 and K N 03. The salt-bath was stirred vigorously 
with a mechanical stirrer, so that no temperature gradients 
were observed. The temperature of the bath was measured 
to ±0.001° with a platinum resistance thermometer cali­
brated by the National Bureau of Standards and encased 
in a close-fitting, thin nickel sheath. The thermometer 
used had a “ 5”  value of 1.4919. Nickel was used as a 
construction material so that molten chloride baths could 
also be employed; however, with a nitrate bath, stainless 
steel would have been satisfactory.
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Experimental
The mercury used in this research was first specially 

purified. Chemically pure, triple-distilled mercury was 
washed several times each with (1) a solution of dilute 
Hg2(N 03)2, (2) dilute H N 03, (3) distilled water, by dropping 
the mercury in a fine stream through a long column con­
taining the wash solution. The mercury was then vacuum- 
dried, filtered several times through a pin-hole in filter paper, 
and finally twice distilled in a stream of air as recommended 
by Hulett.2 3

About 80 g. of the purified mercury was introduced into 
the flask in the isoteniscope system and degassed under a 
vacuum of about 5 X 10 “ 6 mm. The degassing was aided 
by distilling nearly half of the mercury out of the system. 
The glass tube from the flask to the vacuum system was 
then sealed off under vacuum, the temperature of the system 
was brought to the desired value, and the null pressure read 
on the manometer in the external system. The temperature 
of the bath remained constant to ±0 .005° for at least 10 
minutes before making a reading of the pressure and at least 
three independent readings of the pressure were made. 
The data represent values from two completely independent 
determinations.

Results and Discussion
The vapor pressure of mercury was measured at a 

number of temperatures and the data were fitted 
to an equation of the type

logic P =  A T  B/T +  C logic T

by a least-squares method. Since the major 
experimental error is the determination of the 
pressure (as indicated by the fact that the devia­
tions were about ±0.10 mm. independent of 
temperature), the least-squares treatment was 
carried out assuming error in P  only, and included 
a weighting factor so that the equation for log P  
rather than P  could be used. If this factor were 
not used, the low pressure values would be given 
much more importance than is justifiable.

The resulting equation leads to a normal boiling 
point of 356.575° which is 0.005° below the cur­
rently accepted value of 356.580°.3

If the latter value is adopted as a fourth fixed 
point for the platinum resistance thermometer a 
temperature correction of about 0.005° is necessary. 
The least-squares equation which then results is

log P  =  10.59901 -  :j33'T°gZ _  0.865372 log,« 6 (1)
0

in which 8 = 273.160 +  t with t in °C. (cor.).

TE M P ER ATU R E  (” C.).

Fig. 3.— Deviations of measured vapor pressure from 
empirical formulas: 0 ,  this Laboratory— deviations from
least-square equation 1; A , Smith and Menzies deviations 
from their own equation 2.

(2) G. A. Hulett, Phys. Rev., 21, 288 (1005); 33, 307 (1911).
(3) J. A. Beattie, B. E. Blaisdell and J. Kaminsky, Proc. Am. Acad.

Arts Sri., 71, 375 (1937).

The measured vapor pressures and the deviations 
from equation 1 are given in Table I.

T a b l e  I
T h e  V a p o r  P r e ssu r e  o f  M e r c u r y  fro m  260 to  360°

Av. deviation—O.O87 mm.
t V Dev. (mm.)

(°C.) (mm.) Obsd.-Calcd.
260.650 97.9c 0.00
276.632 145.0c -0 .0 8
285.767 179.67 -0 .0 9
291.539 205.15 + 0 .1 2
292.561 209.7s -0 .0 5
300.426 249.72 + 0 .09
312.828 325.4s + 0 .02
321.555 389.42 +0.11
324.067 409.4c -0 .2 2
331.102 470.9s -0 .0 4
340.700 566.8, + 0 .03
347.068 638.63 -0 .0 9
357.059 766.75 + 0 .19

An interesting fact emerged from the least- 
squares treatment of the data. This is that A ,  
B  and C  can be simultaneously varied in an appro­
priate way by relatively large amounts with little 
change in the calculated pressures. For example 
the two formulas

log,« P  =  10.68074 -  3342364 _  0.890032 log,« B 
6

and
log,« P  =  10.51828 -  332‘' ' - 9-0 -  0.840712 log,« 9 6

both give values of P  which differ from those given 
by (1) by less than 0.10 mm. over the entire range 
of temperatures used. However, if A  is changed 
from 10.59901 to 10.59906 without changing B  
and C , the calculated pressure near the boiling 
point changes by 0.10 mm. Obviously, one must 
use formulas of this type with caution outside of the 
range of experimental measurements.

The most self-consistent values previously meas­
ured over this temperature range are those of 
Smith and Menzies4 which were corrected to the 
present temperature scale (but using only the usual 
three calibration points) by Menzies5 in 1927. 
These data were found by Menzies to fit the equa­
tion

0000 qn
logic P  =  9.957094 -  _  0.66524 log,« 9’ (2)V

in which 6 ' = 273.100 +  t' and P  is in mm. The 
deviations of the present measurements from 
equation 1 and of the measurements of Smith and 
Menzies from equation 2 are shown in Fig. 3. It 
is seen that the data of this Laboratory are more 
self-consistent, due largely to better temperature 
control.

Douglas, Ball and Ginnings,6 in a very complete 
work on the thermodynamic properties of mercury 
recalculated the temperatures of Smith and Menzies 
employing a cubic equation for the thermometer 
resistance taking the boiling point of mercury

(4) A. Smith and A. W. C. Menzies, J. Am. Chern. Soc.. 32, 1434 
(1910).

(5) A. W. C. Menzies, Z. physik. Chem., 130, 90 (1927).
(6) T. B. Douglas, A. F. Ball and D. C. Ginnings, J. Research 

Natl. Bur. Standards, 46, 334 (1951).
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found by Smith and Menzies as a fourth fixed point 
for thermometer calibration. In addition these 
authors have calculated the vapor pressure of 
mercury from thermal measurements on the liquid 
and estimates of the second virial coefficient of the 
vapor. Their results are given bv their equation 
35.

Epstein and Powers7 obtained an expression for 
the vapor pressure of mercury utilizing all available 
thermodynamic measurements which is intended 
to be valid from the triple point to the critical point.

Beattie, Blaisdell and Kaminsky3 measured the 
vapor pressure of mercury very accurately in the 
range 660 to 860 mm. and with these measurements 
fixed the boiling point as 356.580°.

The vapor pressures calculated from the ex­
pressions of the five investigators mentioned have 
been tabulated for rounded values of temperature 
from 250 to 360° in Table II. The values of Smith 
and Menzies are for the corrected temperature 
given by Douglas, Ball and Ginnings.6

It is seen that the agreement between various 
investigators is quite good. All expressions must 
of course give the same value at the normal boiling

(7 ) L . F . E p s te in  a n d  M . D .  P o w e r s ,  A E C U -1 6 4 0 , S e p t . 1951.

T a b l e  I I

T h e  V a p o r  P r e s s u r e  o f  M e r c u r y  i n  M m. a t  R o u n d e d  

T e m p e r a t u r e s  A c c o r d i n g  t o  V a r i o u s  I n v e s t i g a t o r s

1vc.) S ar.d D .
B .,

B . a n d  K . S. a n d  M .
D .,

B . a n d  G . E . a n d  P .

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

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

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

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

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

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

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

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

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

point. The very close agreement of Douglas, 
Ball and Ginnings with the data of Smith and 
Menzies is due in part to the fact that the value 
chosen for the second virial coefficient of the vapor 
in the former calculations was adopted partly 
because of the close agreement with measured 
vapor pressures. The differences generally are too 
small to be ascribed any significance.

KINETICS OF THE REACTION BETWEEN o-CHLORONITROBENZENE
AND ETHANOLAMINE

By Philip L. Gordon,1 T. A. Alfrey, Jr.,2 and Ernest I. Becker3
Contribution from the Chemical Laboratories of the Polytechnic Institute of Brooklyn, Brooklyn, N. Y.

Received September 8, 1954

The reaction between o-chloronitrobenzene and ethanolamine has been studied. The high rate of reaction, the more nega­
tive AS °t  and the smaller Ea compared with the lower rates, less negative AS°t and the larger Ea for ra-butylamine are 
evidence for a cyclic mechanism. In accord with this mechanism also is the fact that a mixture of ethylamine and ethanol 
— in which the functional groups are on separate molecules— reacts more slowly than ethanolamine. Thus, the reaction 
with ethanolamine is depicted as going through a cyclic transition state in which the amino group is attacking the carbon 
holding chlorine while simultaneously the hydroxyl group is solvating the chlorine atom. At low concentrations phenol 
accelerates the reaction; at higher concentration it decelerates the reaction. This effect is that expected for a substance 
more electrophilic than the alcohol, but which can effectively remove amine from solution by neutralization.

Introduction
During the investigation of a number of organic 

bases as dehydrochlorinating agents for polymeric 
materials, such as polyvinylidene chloride and 
polyvinyl chloride, it was observed that ethanol­
amine was uniquely effective.4 In fact, its effi­
ciency was ultimately exploited by the development 
of an analytical procedure for chlorine in copolymers 
of vinylidene chloride.4 Tests on a number of 
aromatic molecules with reactive halogens demon­
strated that among these, also, ethanolamine was 
an effective reagent for displacing the halogen. 
It thus became the purpose of this investigation 
to determine the cause of the effectiveness of 
ethanolamine in displacing chloride from aromatic 
molecules.

(1 ) T a k e n  f r o m  t h e  D is s e r ta t io n  p r e s e n te d  t o  th e  G ra d u a te  F a c u lt y  
o f  th e  P o ly t e c h n ic  In s t it u t e  o f  B r o o k ly n  in  p a r t ia l  fu lf i llm e n t  o f  th e  
re q u ire m e n ts  fo r  th e  d e g re e  o f  D o c t o r  o f  P h ilo s o p h y , 1953 .

(2 ) D o w  C h e m ic a l  C o m p a n y ,  M id la n d , M ic h ig a n .
(3 ) T o  w h o m  in q u ir ie s  c o n c e r n in g  th is  p u b lic a t io n  s h o u ld  b e  se n t.
(4 ) P . L . G o r d o n  a n d  G . D o lg in ,.  M .S .  th eses , P o ly t e c h n ic  In s t it u t e  

o f  B r o o k ly n , 1948 .

The reaction selected for study was that between 
ethanolamine and o-chloronitrobenzene. The prod­
uct, N-(2'-nitrophenyl)-ethanolamine had already 
been characterized.6“7 Using larger excesses of 
ethanolamine and a temperature range of 57-82°, 
the described product could be obtained in 95% 
yield, indicating the suitability of these conditions 
for the kinetic study. The course of this investiga­
tion was patterned after Swain’s study of the dis­
placement reaction of trityl chloride in which 
kinetic evidence for the termolecular mechanism 
was established.3

Experimental
Starting Materials.— o-Chloronitrobenzene (E. K. White 

Label grade) was recrystallized from petroleum ether twice 
to a pale yellow solid, m.p. 31.5°. Ethanolamine, ethyl- 
amine, n-butylamine, pyridine, methanol, ethanol, isopropyl 
alcohol, ra-hexanol, 2-butoxyethanol and Ji-butyl ether were

(5 )  P . K a rre r , E .  S c h lit t le r , K . P fa e h le r  a n d  F . B e n z , Helv. Chim. 
Acta, 17, 1516 (1 9 3 4 ).

(6 ) C . B . K re m e r , J. Am. Chem. Soc., 5 9 , 1681 (1 9 3 7 ).
(7 )  C . B . K re m e r , ibid., 61, 1223 (1 9 3 9 ).
(8 )  C .  G . S w a in , ibid., 70, 1119 (1 9 4 8 ).
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highest purity, commercially available compounds, which 
were dried and distilled before use taking heart cuts which 
were checked to agree with the literature values. Dioxane 
was a specially purified, anhydrous material, m.p. 10.5°. 
Phenol was recrystallized from petroleum ether, m.p. 43.0°. 
(3-Methoxyethylamine was obtained from a 70% aqueous 
solution by azeotropic removal of the water with benzene 
and twice distilling the amine. The heart cut, b.p. 94°, 
was used for the experiments.

Procedure.— The reactions were run in a Precision Scien­
tific Company constant temperature bath with a rated and 
measured accuracy of ±0 .0 5 °. The first run was made 
using 2.0 g. of o-chloronitrobenzene and 98 g. of ethanol- 
amine. The reactants were weighed into a 500-ml. erlen- 
meyer flask with a ground glass stopper. After allowdng 
the flask containing the ethanolamine to come to 57.0° 
in the constant temperature bath, the o-chloronitrobenzene 
was added. The stopper was sealed with tape and the 
contents were swirled in the bath to effect rapid solution. 
The mixture was maintained at 57.0° for eight hours. 
Ten-gram samples were pipetted at timed intervals into 
150 ml. of cold water. After acidification, the chloride 
content was determined gravimetrically as silver chloride.

In order to determine whether the reaction rate was 
affected by possible traces of moisture in the reagents or 
solvents, the reaction was repeated using 0.5, 1.0 and 2.0%  
of water based on the weight of ethanolamine. No signifi­
cant difference in rate was observed for any of these con­
centrations.

The kinetic determinations using varying concentrations 
of 2-butoxyethanol were performed in the same manner. 
In the case of the methanol series, the use of ground glass 
stoppered flasks was unsatisfactory due to the volatility 
of the methanol. For this series sealed test-tubes were 
simultaneously placed in the bath and individually with­
drawn at timed intervals. Cooling the tubes in ice and 
water served to stop the reaction before opening them. 
The same analytical procedure was used. This method was 
used for all subsequent kinetic studies.

Results and Discussion
In all cases the reaction was found to be first 

order in o-chloronitrobenzene by standard tech­
niques,9 as was to be expected with one of the 
reactants in large excess. For the reaction using 
varying quantities of 2-butoxyethanol the data

T a b l e  I
T a b u l a t i o n  o f  R a t e  C o n s t a n t s  f o r  t h e  R e a c t i o n

BETWEEN O-C h LORONITROBENZENE AND ETHANOLAMINE IN
V a r y i n g  C o n c e n t r a t i o n s  o f  2 - B u t o x y e t h a n o l  a t  5 7 . 0 °

are shown in Table I; for the methanol series in 
Table II; for the additional series of solvents in 
Table III.

T a b l e  III
T a b u l a t i o n  o f  R a t e  C o n s t a n t s  f o r  t h e  R e a c t i o n  

B e t w e e n  o - C h l o r o n i t r o b e n z e n e  a n d  E t h a n o l a m i n e  i n  

V a r i o u s  S o l v e n t s  a t  57.0°
o-Chloronitrobenzene, 0.1272 mole/L; ethanolamine, 2.05 

mole/1.

Solvent
Concn.,
mole/1.

Rate 
constant, 
k X 107

Methanol 21.6 2.87
Ethanol 14.82 6 22
Isopropyl alcohol 11.7 9.24
2-Butoxyethanol 6.55 16.25
Methanol 10.8 8.6
2-Butoxyethanol 3.36
Hexanol 3.5 13.7
2-Butoxyethanol 3.36
Dioxane 10.26 42.8
Dioxane 5.13 21.2
2-Butoxyethanol 3.36
w-Butyl ether 2.94 18.4
2-Butoxyethanol 3.36
Pyridine 10.84 32.6

Comparison of the data of Tables I and II 
shows that at fixed concentrations of o-chloro­
nitrobenzene and ethanolamine, the rate is slower 
with the larger molar concentration of methanol. 
This is taken to mean that the larger concentration 
of added hydroxyl groups has slowed the reaction. 
That this decrease in rate is probably not due to the 
ether function of 2-butoxyethanol is shown by 
comparison with the reaction in dioxane (Table 
III) in which the rate is faster than for the hy- 
droxylic solvents. With these facts as a guide, 
an empirical equation was devised which took into 
account the concentration of ethanolamine and 
also the inhibiting effect of the hydroxylic solvents.

o-Chloro-
nitrobenzene,

mole/1.

Ethanol­
amine,
mole/1.

2-Butoxy-
ethanol,
mole/1.

Rate
constants, 
k X 107

0.0636 16.28 675.0
.0636 8.2 3.72 146.1
.0636 4.1 5.61 38.0
.0636 2.05 6.55 16.25
.1272 1.02 7.00 6.09
.1272 0.515 7.25 2.96

T a b l e  I I

T a b u l a t i o n  o f  R a t e  C o n s t a n t s  f o r  t h e  R e a c t i o n  

B e t w e e n  o - C h l o r o n i t r o b e n z e n e  a n d  E t h a n o l a m i n e  i n  

V a r y i n g  C o n c e n t r a t i o n s  o f  M e t h a n o l  a t  5 7 . 0 °
o-Chloro-

nitrobenzene,
mole/1.

Ethanol­
amine,
mole/1.

Methanol,
mole/1.

Rate
constants, 
k X 107

0.0636 16.25 675.0
.0636 12.27 6.0 166.0
.0636 8.20 12.24 40.2
.0636 4.10 18.0 10.3
.1272 2.05 21.6 2.87
.1272 1.008 22.85 1.66

(9) A. G. Worthing and J. Geffner, “ Treatment of Experimental 
Data,”  John Wiley and Sons, Inc., New York, N. Y., 1943, Chapter 
III.

, [Ethanolamine] , ,  N
k ~  a +  b [Solvent.]2

where
k =  experimental first-order rate constant in sec.-1 
[ ] =  concentrations in mole 1.-1 
a =  constant for no solvent in mole sec. 1.-1 
b =  constant for the solvent in 1. sec. mole-1

The constants were determined as follows: 
with no solvent Equation 1 becomes

; _  [Ethanolamine] . .
k -  V )

thus permitting the evaluation of a directly from 
the experimental data. Using the value of a so 
obtained, 2.42 X 10-5 mole/sec. I.-1. Equation 1 
was then used for evaluating b in each experiment 
in the 2-butoxyethanol series and in the methanol 
series. The results are given in Table IV. The
small average deviations, about 6%, validate 
equation 1 for these series.

It is now possible to examine a mechanism for 
the reaction. The reaction is first order in o- 
chloronitrobenzene, the reactant in minimum 
quantity, and depends to an inverse second power



July, 1955 R eaction between o-Chloronitrobenzene and Ethanolamine 585

T a b l e  IV

Measured 
values, 
k = 107 b X 10-»

Calcd. values 
for k X 107 

using av. value 
for b =

2.61 X 104 %
2-Butoxyethanol series

146 2.28 137 6.0
38 2.68 38.7 1.8
16.25 2.42 15.2 6.4
6.09 2.87 6.4 6.5
2.97 2.83 3.18 7.0

Av. dev. for this series =  5 .8%

Methanol series“
166 1.38 174 4.6
40.2 1.20 38.9 3.3
10.3 1.17 9.52 7.5
2.87 1.48 3.24 9.6
1.50 1.26 1.45 3.3

Av. dev. for this series =  5.66%
“ Calculated values for k X  107 using average value for 

6 =  1.28 X 104.

on the concentration of solvent. Of a number of 
mechanisms consistent with these facts is the 
following: One molecule of ethanolamine reacts 
with one molecule of o-chloronitrobenzene. As 
the nucleophilic group (-NH2) attacks the carbon 
to which the chlorine is attached, there is a simul­
taneous solvating attack on the chlorine by the 
electrophilic group (-OH). The accompanying 
diagram depicts the cyclic transition inferred.

/C H s .
h 2n  c h 2

<f  A ^ V C l - H O

\
n o 2

This treatment is, thus, a cyclic adaptation of the 
termolecular, or concerted, displacement mecha­
nism of Swain10 and corresponds to his Type D 
reaction in his illustrations for the different possi­
bilities for concerted displacements.

The introduction of a hydroxylic solvent, such as 
methanol or 2-butoxyethanol, inhibits the reaction. 
Hydrogen bonding to both the chlorine atom and 
to the ethanolamine is consistent with the inverse 
square dependence on the concentration of solvent. 
The inhibition results from disturbance of the 
favorable juxtaposition of groups in the cyclic 
transition state. The effect of added alcohols may 
be found in their probable different acidities or in 
their different structures which may interfere with 
hydrogen bonding. Swain and Brown11“ have 
previously put forth a cyclic mechanism to account 
for the unique effectiveness of 2-hydroxypyridine 
on the mutarotation of tetramethylglucose in 
benzene.

With equation 1 as a guide, an interpretation of 
the significance of a and b may be made. The 
constant a is a function of the ethanolamine, which 
in this case is also the electrophilic reagent. The 
value for this constant is unaffected by the solvent 
used in the reaction, and if the interpretation of the

(10) C. G. Swain, J. Am. Chem. Soc., 72, 4578 (1950).
(11) (a) C. G. Swain and J. F. Brown, Jr., ibid., 74, 2534 (1952); 

(b) 74, 2538 (1952).

mechanism is feasible, can be used as a relative 
value for the inhibiting effect of the solvent. 
From the equation the value of b is directly propor­
tional to the inhibiting effect of the polar solvent.

The series of kinetic runs made with the different 
solvents gave results which fitted this hypothesis. 
Based on the interpretation above it would be pre­
dicted that for longer carbon chains attached to the 
OH group in an alcohol, i .e . , the lower the molar 
concentration of OH, there would be less inhibition 
and a higher rate for a comparable mixture of 
reactants. The data of Table III bear out this 
contention.

The use of ether-type solvents, such as dioxane 
or n-butyl ether, instead of alcohols, also resulted 
in higher reaction rates between o-chloronitroben- 
zene and ethanolamine. When solvent mixtures 
were used, the rates were roughly equal to the aver­
age of the values for the two solvents taken separ­
ately.

The next portion of this investigation was 
concerned with the effect of phenol on the reaction 
rate. On the basis of the postulated mechanism 
for the present reaction, and Swain’s work on the 
effect of phenol on the solvolysis of trityl chloride 
in methanol, it was possible to predict the behavior 
of phenol when added to a mixture of o-chloro­
nitrobenzene and ethanolamine in methanol. 
Swain8 had shown that phenol solvates halogen 
more efficiently than carbon and also that the 
complexing tendency between phenol and methanol 
is negligible Therefore, the addition of phenol 
to the reaction mixture should set up a concerted 
displacement according to the following diagram. 
Analogously, for the reaction of o-chloronitro-

NH2— c h 2— CH2— OH

HOCH3

benzene anc ethanolamine the initial effect of 
phenol shouid be an acceleration of the rate of 
reaction. As the concentration is increased, the 
acid-base reaction between the phenol and ethanol­
amine should effectively reduce the concentration 
of ethanolamine, and beyond some optimum point, 
the rate of reaction should decrease.

The results of the series of kinetic studies on the 
effect of phenol on the reaction between o-chloro­
nitrobenzene and ethanolamine, substantiated these 
predictions. The data are given in Table V, and

T a b l e  V

T a b u l a t io n  c f  R a t e  C o n s t a n t s  f o r  t h e  R e a c t io n  
BETWEEN O-Ch LORONITROBENZENE AND ETHANOLAMINE IN 

M e t h a n o l  w it h  V a r y in g  C o n c e n t r a t io n s  o f  P h e n o l  
o-chloronitrobenzene, 0.1272 mole/1.; ethanolamine, 2.05

mole/1.
Rate

Phenol, Methanol, constant,
mole/1. mole/1. k X 107

21.60 2.87
0.0695 21 55 4.67
0.1390 21.48 7.58
0.2770 21.35 8.95
0.5560 21.18 5.71
1.1100 20 62 1.85
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the plot of rate constants against concentration 
of phenol in Fig. 1 clearly shows a maximum of k =
8.9 X 10-7 sec.-1 with 0.255 molar phenol.

Fig. 1.— Effect of concentration of phenol on the rate 
constant for the reaction between o-chloronit.robenzene and 
ethanolamine at 57°.

This reaction would be expected to be first order 
in o-chloronitrobenzene, first order in phenol, and 
first order in the complex formed by ethanolamine 
and methanol. However, since the complexing 
reaction is undoubtedly reversible, a simple termo- 
lecular rate equation would not suffice in this case. 
An attempt was made here to fit an equation to the 
data.

A further test for a cyclic mechanism is based 
on the absolute rate equation 3 of Eyring. In this 
treatment the entropy of activation is examined. 
A high negative value for A<S°t indicates the loss of 
a number of degrees of freedom in proceeding from 
the reactants to the transition state, which is con­
sistent with a cyclic transition state. A recent ex­
ample of this reasoning is that of Foster, et a l .,12 in 
their investigation of the energy of activation and 
the entropy of activation in the rearrangement of 
three-carbon systems.

In order to apply this treatment, it was necessary 
to obtain the activation energy for the reaction be­
tween o-chloronitrobenzene and ethanolamine, and 
also for the reaction between o-chloronitrobenzene 
and w-butylamine. Since a cyclic intermediate 
could not be involved in the case of m-butylamine, 
a sizeably larger A£0t for the ethanolamine reaction 
over that for the n-butylamine reaction should indi­
cate a cyclic intermediate for the ethanolamine case.

The activation energies for the two reactions 
were obtained from the slopes of the plots of log k 
versus l / T  X 105 from the data in Tables VIII and 
IX. The values of k at various temperatures were 
determined from the data in Tables VI and VII. 
For the reaction with ethanolamine Fa = 9.41 
kcal. mole-1; for the reaction with w-butylamine, 
E a = 18.0 kcal. mole-1. The low activation energy 
for the ethanolamine reaction is another point in 
favor of the termolecular mechanism of Swain.8

The entropies of activation, AST, were calcu-
(12) G. E. Foster, A. C. Cope and F. Daniels, J. Am. Chem. Soc., 

69, 1893 (1947).

T a b l e  V I

E f f e c t  o f  t h e  V a r ia t io n  o f  T e m p e r a t u r e  o n  t h e  R a t e  
o f  R e a c t io n  b e t w e e n  o- C h l o r o n it r o b e n z e n e  a n d  

E t h a n o l a m in e

o-Chloronitrobenzene (a), 0.0636 mole/1.; ethanolamine 
16.25 mole/1.

Reaction
time,
hr.

Chlorine
removed,%

Reaction
time,

hr.
C hlorine 
removed,%

Reaction
time,

hr.
Chlorine,
removed,%

Temp. , 57° Temp., 76° Temp OO bO

0.5 12.85 0.75 36.8 0.75 56.3
2.0 41.1 1.5 68.0 1.0 67.7
2.75 49.5 2.0 71.5 1.5 76.1
3.5 58.8 2.5 79.6 2.5 93.0
4.5 67.7 2.75 82 5 3.12 94.1
5.5 75.1 3.5 89.0

k =  6.75 X 10-s k =  17. 2 X 10"5 k = 21.8 X  10-5

T a b l e  VII
E f f e c t  o f  t h e  V a r ia t io n  o f  T e m p e r a t u r e  o n  t h e  R a t e  
o f  R e a c t io n  b e t w e e n  o- C h l o r o n it r o b e n z e n e  a n d  

ra-BuTYLA M IN E

o-Chloronitrobenzene (a), 0.0636, mole/1.
10.02 mole/1.

; n - butylamine

Reaction Chlorine 
time, removed, 

hr. %

Reaction Chlorine Reaction Chlorine 
time, removed, time, removed, 

hr. %  hr. %
Temp., 57° Temp., 68° Temp., 76°
3 .0  22.1 1.0 20.5 1 0 40.2
5 .0  33.6 3.0 45.4 2 0 59.3
8.5 49.9 5.0 64.3 3 0 69.0

10.0 54.6 8.0 78.0 4.5 82.6
13.5 66.1 
16.0 71.8

16.0 98.6 8.0 95.2

k = 2.27 X 10~s ft = 5.26 X 10-ä ft = 9 .18 X  10-5

T a b l e  VIII
T a b u l a t io n  o f R a t e  C o n s t a n t s  f o r t h e R e a c t io n

b e t w e e n  o- C h l o r o n it r o b e n z e n e  a n d  E t h a n o l a m in e  a t

V a r y in g  T e m p e r a t u r e s

Temp.,
°K .

Rate
l / T  X constant, 

105 k  X 10® log k

330.2 302.8 6.75 -4 .1 7 1
349.2 216.4 17.2 -3 .7 6 5
355.2 281.5 21.8 -3 .6 6 2

T a b l e  IX
T a b u l a t io n  o f R a t e  C o n s t a n t s  f o r THE R e a c t io n

b e t w e e n  o- C h l o r o n it r o b e n z e n e  a n d  w- B u t y l a m in e  a t

V a r y in g  T e m p e r a t u r e s

Temp.,
°K .

Rate
l / T  X constant 

105a k X 105 Log k
330.2 302.8 2.27 -4 .6 4 5
341.2 293.1 5.26 -4 .2 8 0
349.2 286.4 9.18 -4 .0 3 7

» T is absolute temperature.

lated from the Eyring rate equation, assuming k 
(kappa) to be unity 

a -t
k  =  ~  e AS°t/R  e~AH °t/ R T  (3 )

k =  transmission coefficient, assumed to be unity 
ft =  first-order reaction rate constant 
k =  Boltzmann constant, 1.3805 X 10~16 erg deg.-1 
T =  temperature in °K. 
h = Planck’s constant, 6.626 X  10-27 erg sec.

AH ° t  =  heat of activation 
S T  =  entropy of activation
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Thus, for the ethanolamine reaction, in which A H ° t  —
8.75 kcal./mole-1, A*S°t = —51.3 e.u. and for the 
reaction with n-butylamine, A»S°t = —27.5 e.u.

These results definitely show a greater loss of de­
grees of freedom on going to the transition state for 
the reaction between o-chloronitrobenzene and 
ethanolamine as against the reaction with n-butyl­
amine. This loss of additional degrees of freedom 
for an analogous reaction is strong evidence for a 
cyclic transition state.

In order to provide further evidence for the cyclic 
transition state, a study was made in which the 
ordinary type of termoleeular reaction would take 
place, that is, a reaction in which the nucleophilic 
and electrophilic groups were in different molecules. 
This was accomplished by using ethylamine and 
ethanol in equimolecular proportions and adding o -  
chloronitrobenzene in dioxane at 57.0°. The rate 
constants for this series are given in Table X. The 
rate constant for this reaction was found to be 
12.87 X 10-7 sec.-1, approximately one-third the 
rate for a comparable reaction with ethanolamine. 
A more rapid rate would be expected for the cyclic 
mechanism, since each time the nucleophilic group 
attacked, the electrophilic group would be in posi­
tion to aid in the reaction. d-Methoxyethylamine 
was treated with o-chloronitrobenzene in dioxane 
at 57.0°. The data for these runs are presented in 
Table XI. The rate constant for this reaction 
was found to be 7.82 X 10-7 sec.-1 as against
42.8 X 10-7 sec.-1 for the reaction between etha­
nolamine and o-chloronitrobenzene in dioxane, using 
the same molar proportions. This demonstrated 
that when the actively functioning hydroxyl group 
in ethanolamine is converted to a relatively inac-

T a b l k  X
R a t e  o f  R e a c t i o n  b e t w e e n  o- C h l o r o n i t r o b e n z e n e  a n d  

E t h y l a m i n e  i n  E t h a n o l  a n d  D i o x a n e  a t  57.0° 
o-Chloronitrobenzene, 0.1272 mole/I.; ethylamine, 2.05; 

ethanol, 2.05; dioxane, 8.04.
R e a c t io n C h lo r in e R e a c t io n C h lo r in e

tim e , r e m o v e d , t im e , r e m o v e d ,
hr. % hr. %
8 4.9 .34 16.4

1 5 8.1 48 22.0
22 1 1 . 5 54 23.7

k =  12.82 X 10~7 see.-1

T a b l e  XT
R a t e  o f  R e a c t i o n  b e t w e e n  o- C i i l o r o n i t r o b e n z e n e  a n d  

0 - M e t h o x y e t h y l a m i n e  i n  D i o x a n e  a t  57.0° 
o-Chloronitrobenzene, 0.1272 mole/h; /3-methoxyethyI- 

amine, 2.05; dioxane, 10.49.
Reaction Chlorine Reaction Chlorine

time, removed, time, removed,
hr. % hr. %

8 3 . 4 3 4 10.4
1 5 5 . 8 4 8 1 3 . 3

22 7 . 5  

k =  7

54
82 X 10 "7

14.4

tive ether, the compound acts like a monofunc­
tional reagent.

Conclusions
(1) The reaction between ethanolamine and o- 

chloronitrobenzene is of the nucleophilic displace­
ment type, and the product is an almost quantita­
tive yield of N-(2'-nitrophenyl)-ethanolamine, when 
the reaction is run at temperatures between 57 and 
82° in a large excess of ethanolamine.

(2) The reaction is inhibited by alcohols and 
ethers.

(3) For the concentration of reactants used in 
these determinations, the over-all reaction rate 
was first order in all cases.

(4) The mechanism of the reaction between eth­
anolamine and o-chloronitrobenzene was interpreted 
as involving a cyclic intermediate in which the am­
ino group of the ethanolamine is the nucleophilic 
group and the hydroxyl group of the same molecule 
is the electrophilic group.

(5) In hydroxylic solvents, the reaction was 
found to be first order in o-chloronitrobenzene and 
first order in ethanolamine, with an inverse second 
order dependence on solvent, in accordance with 
the rate equation

_  [Ethanolamine] 
a +  b [Solvent]7

The inhibiting action of the solvent was tenta­
tively related to its hydrogen-bonding capacity.

((i) The addition of phenol to the reaction mix­
ture of ethanolamine, o-chloronitrobenzene and 
methanol was found to increase the rate of reaction 
initially and then to decrease it when the effective 
concentration of ethanolamine was reduced by acid- 
base reaction with the phenol.

(7) The energy of activation for the reaction 
between o-chloronitrobenzene and ethanolamine 
was found to be 9.4 kcal. mole-1 and for the reac­
tion with n-butylamine it was 18.0 kcal. mole-1. 
The entropy of activation for the ethanolamine re­
action was —51.3 and —27.5 e.u. for the n-butyl­
amine reaction. These figures are in accord with 
the argument for a cyclic transition state complex.

(8) With a mixture of ethylamine and ethanol 
in place of ethanolamine in the reaction with o- 
chloronitrobenzene the rate was one-third as fast 
as that obtained with ethanolamine, providing 
further evidence for the cyclic mechanism. When 
the hydroxyl group of the ethanolamine was re­
placed by methoxyl, the rate of reaction dropped to 
approximately one-sixtieth of a comparable etha­
nolamine reaction.
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Isotherms for the adsorption of argon on oxide-coated nickel powder and on this sample after each of several reductions 
with dry hydrogen at 350° were determined at —195 to —183°. Equilibrium functions, isosteric heats of adsorption and 
integral molar entropy values were calculated. These data show a marked difference in the surface nature of the unreduced 
and reduced samples. However, the adsorption behavior of argon on the reduced samples was similar above monolayer 
coverage. In this region of adsorption the only effect of reductions at high temperature was to cause an increase in particle 
size due-to sintering without markedly changing the surface nature of the reduced metal powder. The equilibrium function 
and isosteric heat data indicate that both the unreduced and reduced samples were heterogeneous. Adsorption sites of 
higher energy as well as a wider distribution of sites characterized the unreduced samples. Stronger cooperative effects 
leading to an increase in heat values and a subsequent maximum monolayer coverage was found for argon adsorption on 
the reduced sample. On the basis of experimental and calculated integral entropy values, a model of localized adsorption 
on a heterogeneous surface without adsorbate interactions explains the adsorption of argon on the unreduced and reduced 
sample. This model is probably not valid beyond 9 — 0.5 for the unreduced sample and beyond the relatively low value 
of 9 =  0.2 for the reduced sample; above these 9 values lateral interaction set in. At very low coverages on both samples 
the heterogeneous nature of the surfaces was evident from the low molar entropy values Ss and small configurational 
entropy contribution.

Introduction
Gas adsorption techniques were employed in this 

Laboratory to study the surface heterogeneity of 
molybdenum metal.1 A thick oxide film was 
formed on the molybdenum surface after exposure 
to moist air during storage. Reduction of this 
polymolecular oxide film by high temperature 
treatment with dry hydrogen increased the surface 
roughness or physical surface heterogeneity. After 
successive heatings in the presence of hydrogen a 
lower limit of surface area was reached. For a 
further understanding of metallic surface proper­
ties, this work has been extended to nickel.

Through the development of adsorption thermo­
dynamics and its application to various adsorption 
systems in the last decade, it is now well established 
that thermodynamic functions are very useful for 
characterizing the properties of adsorbed films. 
However, because of the complexity of the different 
existing forces and the wide differences in surfaces, 
it is helpful to investigate more than one function 
before reaching final conclusions. A sharp initial 
drop of the isosteric heat with increasing surface 
coverage is generally attributed to the surface 
heterogeneity. Following Hill’s2 statistical de­
velopment, the entropy of the adsorbed phase 
could be evaluated, which serves as a parameter for 
defining a surface. Furthermore, Morrison and 
Drain3 were able to calculate the configurational 
and non-configurational entropy values of systems 
consisting of a heterogeneous surface. Recently, 
Graham4 has introduced the equilibrium constant 
of a localized adsorption system for characterizing a 
surface. Very little work has been done with the 
last method. In the present work the conclusions 
from this free energy function are compared to 
those of isosteric heats and entropies.

Experimental
Materials and Apparatus.— The nickel sample furnished 

by the International Nickel Company had a reported purity
(1) F. H. Healey, J. J. Chessick and A. C. Zettlemoyer, T his 

J o u r n a l , 57, 178 (1953).
(2) T. L. Hill, J. Chem. Phys., 17, 520 (1949).
(3) J. M. Drain and J. A. Morrison, Trans. Faraday Soc., 48, 316 

(1952).
(4) D. Graham, T his Journal, 57, 665 (1953).

when first prepared greater than 99%, and a particle size 
range from 2 to 25 /i. The sample was passed through a 
400 mesh sieve before use to remove large particles.

High purity tank argon and helium were used. The 
argon was further purified by passage through fine copper 
gauze heated to 500° and dried with magnesium perchlorate. 
Helium was purified by passage through a charcoal trap 
immersed in liquid nitrogen.

Tank hydrogen, 99.8% pure, was passed slowly through a 
Baker Deoxo Unit, containing a palladium catalyst, and then 
through a drying train consisting of two magnesium per­
chlorate driers, a phosphorus pentoxide tube and a cold 
trap immersed in liquid nitrogen. Previous work in this 
Laboratory showed that water diffused into the reduction 
system if rubber connections were used. Therefore, the 
reduction system was of all-glass construction with Tygon 
tubing connections.

An Orr type6 apparatus was used. Apiezon B oil which 
had a very low vapor pressure and did not dissolve measur­
able amounts of the gases studied was used in the manom­
eters. Pressures as low as 0.005 cm. were measured with 
this oil. However, the height of the manometer restricted 
pressure measurements to about 5 cm. To increase the 
range of the manometer, a back pressure was applied to the 
vacuum side of the manometer for pressures greater than 
5 cm. In this way, adsorption pressures as h:gh as 20 cm. 
were obtained.

It was shown previously6 that samples with an area as low 
as 0.5 m.2 could be studied with precision with this appa­
ratus. Nevertheless, in this investigation sufficiently large 
samples were taken so that the total area ranged from 3 to 
7 m .2.

Pretreatment of Samples.— The unreduced, polycrystal- 
line samples were first washed with absolute alcohol to 
remove any organic film. They were then degassed at 
room temperature for at least 12 hours to an ultimate pres­
sure below 10-6 mm. before adsorption measurements were 
made.

Reductions of the surface oxide which had formed on the 
nickel powders on exposure to moist air during storage,1 
were carried out at 350°. The hydrogen after thorough 
drying was passed slowly through the samples at atmospheric 
pressure. The reduction times are listed in Table I. Two 
nickel samples which differed slightly in area but were ob­
tained from the same batch were studied. The first sample 
was subjected to four reductions. After each reduction the 
sample was degassed at 25° to 10~6 mm. for 6 hours, then 
argon adsorption isotherms were determined at —195°. 
The second sample was studied primarily to substantiate 
the results found with the first sample as well as to obtain 
some additional data for the adsorption of argon at —183 
and —195°. After the desired adsorption measurements 
were made, the samples were again subjected to hydrogen 
treatment at 350°. Since the reduced nickel was never

(5) W. J. C. Orr, Proc. Roy. Soc. {London), 173A, 349 (1939).
(6) J. J. Chessick, Ph.D. Thesis, Lehigh University, 1952.
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exposed to any gas except non-reactive helium and argon 
after the first reduction, the second and subsequent hydrogen 
treatments were not strictly reductions. Rather they were 
conducted to allow a study of the change of the surface 
properties of the metal as sintering progressed; they are 
labeled reductions merely as a convenience.

No effort was made to remove sorbed hydrogen from the 
reduced samples by degassing at elevated temperatures, 
since the primary objective of this investigation was to 
characterize two different surfaces— the oxide-coated and 
that produced by reduction—by gas adsorption methods. 
However, to determine the effect of this sorbed hydrogen 
on the reduced samples on the adsorption of argon, a sepa­
rate sample was reduced under the usual conditions and de­
gassed at 350° for 3 hours. Large amounts of hydrogen 
were evolved. Isotherms reduced to unit surface area for 
this sample and other samples which were reduced but not 
degassed at high temperature were found to coincide exactly 
above monolayer coverage indicating that in this region the 
argon adsorption was independent of any hydrogen pre­
sorbed. Beeek7 also found that the adsorption of krypton 
on nickel films was independent of hydrogen presorbed in his 
sample

Procedure.— One of the often unrecognized difficulties in 
adsorption studies at low temperatures is the slow attain­
ment of equilibrium at small adsorption pressures. Spurious 
rates or heat curves have been shown to result when in­
sufficient time has been allowed for equilibrium.6'8 To 
accelerate thermal equilibrium in the low pressure region, 
it was found expedient to precool the sample in the presence 
of helium at the adsorption temperature for 2 or 3 hours 
before adsorption measurements were made. The system 
was then degassed for 30 minutes at the adsorption tem­
perature and argon adsorption measurements begun. 
As a result of precooling, equilibrium at pressures below 0.1 
mm. was attained within 15 minutes; however, at least 1 hr. 
was allowed for equilibrium to be reached in the low pres­
sure region.

Results and Discussion
Adsorption Isotherms.—Argon adsorption iso­

therms were measured at —195° on unreduced, 
oxide-coated nickel and on this sample after each 
of four successive reductions at 350°. The shapes 
of the isotherms indicated a marked difference in 
the behavior of argon adsorbed on the unreduced 
and reduced powders. Contrariwise, isotherms for 
argon adsorbed on the reduced nickel samples were 
found to be very nearly parallel in the region above 
monolayer coverage although they showed a de­
crease in the amount adsorbed after each reduction. 
This decrease, which exponentially approached a 
limiting value, resulted from a definite increase in 
particle size of the metal powder due to sintering 
at the reduction temperature. Confirmation of 
these initial results was obtained when similar 
studies were conducted on a new sample of lower 
initial area but obtained from the same batch of 
nickel powder. Furthermore, the temperature 
dependency for adsorption on this second sample 
was determined at —183 and —195° and isosteric 
heats of adsorption were calculated.

Some tentative conclusions concerning the 
natures of the nickel surfaces before and after 
reduction were possible from a knowledge of the 
prehistory of the nickel and a visual inspection of 
these isotherms. First, since the metal was poly­
crystalline, it was reasonable to assume that the 
surfaces were heterogeneous. Further, it was 
concluded that the distributions of adsorption 
energy sites on the oxide-coated and reduced metal 
were quite different. Finally, it appeared that

(7) O. Beeek, “ Advances in Catalysis,”  Vol. II, Academic Press, 
Inc., New York, N. Y., 1950, p. 160.

(8) F. C. Tompkins, Trans. Faraday Soc., 34, 1469 (1938).

while a new type of surface resulted after reduction 
of the oxide film, the effect on this new surface of 
sintering at high temperature was to cause a de­
crease in area without drastically changing its site 
energy distribution, particularly at higher cover­
ages. Considerable evidence was obtained to sub­
stantiate these findings as well as to .yield more 
quantitative information on the nature of these two 
different surfaces.

Adsorption Isotherms Reduced to Unit Surface 
Area.—Adsorption in the first layer, whether 
chemical or physical, depends on two factors: the 
extent of the surface and the energy of interaction 
between surface and adsorbate. Brunauer9 des­
ignated the former the “non-specific” factor, the 
latter the “specific” factor in adsorption. This 
delineation was, of course, an oversimplification 
since the interactions between adjacent adsorbed 
molecules can be an important additional factor. 
However, if physical adsorption were completely 
“non-specific,” then surface area alone would be 
controlling and isotherms for a gas adsorbed on all 
types of surfaces would coincide if volumes adsorbed 
per unit area were plotted against pressure. This 
situation would not exist, on the other hand, if 
surface “specificities” were also important. Iso­
therms of this nature were developed in order to 
differentiate between the adsorption behavior of 
argon on both the unreduced and reduced nickel 
samples. For this reason a measure of the specific 
areas of these samples was necessary.

The values for Fm were obtained by the usual 
BET method and represented the STP volumes of 
gas required to cover the surface of one gram of 
sample with one adsorbed layer. The specific 
areas of the samples were calculated from these Fm 
values assuming that the adsorbed molecules had 
the same hexagonal close-packing as in the liquid 
state.10 Another method, the “B” point method 
of obtaining Fm and corresponding area values, 
was to use the volume adsorbed at the beginning 
of the linear portion of the Type II isotherms. 
The results of this latter method were adopted here

T a b l e  I
A dso rptio n  of A rgon  on  N ic k e l

Reduc­
tion
no.

Time,
hr.

BET
7 m,

ml./g.
Area,
m.2/g.

“ B”
Fm,

ml./g.
Point

Area,
m.2/g.

Sample 1, —195°
Unreduced 0.195 0.73 0.167 0.63

1 2 .0 .168 .63 .155 .58
2 3 .5 .119 .45 .113 .43
3 2 .5 .107 .40 .103 .39
4 3 .0 .100 .38 .098 .37

Sample 2, —195°
Unreduced 0.154 0.57 0.133 0 .50

1 2 .5 .117 .44 .112 .42
2 2 .0 .100 .37 .098 .37

Sample 2, —183°
Unreduced 0.152 0.59 0.126 0.49

1 2 .5 .122 .47 .107 .42
2 2 .0 .104 .40 .095 .37

(9) S. Brunauer, “ The Adsorption of Gases and Vapois,” Princeton 
Univ. Press, Princeton, N. J., 1943, p. 329.

(10) Ref. 9, p. 287.



590 A. C. Zettlemoyer, Y ang-Fang Y u and J. J. Chessick Voi. 59

because of the better agreement in area values cal­
culated from V m values at —183 and —195° 
obtained by this “B” point method. This agree­
ment is shown in the last column of Table I for 
sample no. 2.

The isotherms measured for the adsorption of 
argon on unreduced nickel and on this same 
sample after each of four, successive, high tempera­
ture reductions are shown in Fig. 1. The adsorp­
tion values were reduced to unit area; i .e ., V / V m 
values were plotted against relative pressure. 
There was no doubt that the “specific” forces 
whether surface, adsorbate interaction or both were 
different for argon adsorbed on unreduced and 
reduced nickel. On the other hand, the coinci­
dence of the four isotherms for the reduced samples, 
although they differed in area by as much as 36%, 
strongly suggested that only small changes in these 
“specific” forces occurred as a result of sintering at 
the reduction temperature.

Fig. 1.—Adsorption isotherms of argon on nickel at —195° 
reduced to unit surface.

Free Energy Change of Adsorption.—Graham4 
developed a simple distribution function which he 
claimed provides the basis for a .sharp classification 
of physical adsorption in terms of the surface 
properties of the adsorbent as well as adsorbate 
interaction. The equilibrium constant for the 
transfer of one mole of adsorbate from the standard 
state as a liquid to the adsorbed phase can be 
written

where 6 is the fraction of surface covered and X  is 
the relative pressure of the gas in equilibrium with 
solid. The free energy change is simply given by 
the relationship

— AF° =  RT  In K  (2)

and constitutes a measure of the strength of the 
adsorption bond. In the ideal case involving 
localized, non-interacting adsorption on a uniform 
surface, K  is a constant. Therefore, deviations of 
this constant from ideality can furnish information 
concerning the factors responsible for non-ideality 
such as lateral interactions between adsorbed 
molecules and the heterogeneous nature of the 
surface.

The equilibrium functions for the adsorption of 
argon on the second sample of the unreduced nickel 
and for this same sample after each of two succes­
sive reductions are shown plotted in Fig. 2 as a 
function of 9. The shape of the equilibrium func­
tion curve for argon adsorbed on the unreduced 
sample indicate adsorption on a heterogeneous 
surface. Initial adsorption took place on sites of 
high energy. Furthermore, these site energies 
decreased markedly with increasing 9. The equilib­
rium function was found to be nearly constant 
between 6 = 0.5 to 9 = 0.8, the criterion for ad­
sorption on a uniform surface. However, a bal­
ance between cooperative adsorption and surface 
heterogeneity, itself, could be responsible for the 
constancy of K  in this region.

Surface coverage 0.
Fig. 2.—Equilibrium constants for argon adsorbed on nickel.

For the two reduced samples, the values of K  
were about 25 units apart at 9 = 0.1 and became 
nearly equal as 9 increased. This initial differ­
ence was evidence for the presence of surface 
heterogeneities at low coverages which tend to dis­
appear as a result of sintering. Generally, it 
appeared from the much lower K  values that the 
reduced samples were less heterogeneous than 
the unreduced nickel. Consequently, interactions 
between adsorbed molecules and a subsequent 
increase in K  began at very low coverages, ca. 
9 =  0.2.

Isosteric Heats of Adsorption.—Isosteric heat 
values obtained from adsorption measurements on 
the second nickel sample are plotted in Fig. 3 as a 
function of the volume adsorbed. The sharp 
decrease in the heat values at small volumes 
adsorbed for the unreduced sample was of particu­
lar interest. A sharp initial decline in the heat 
values was found also for the reduced samples but 
over a smaller range of adsorption. Also, H 0, the 
heat of adsorption at zero coverage was approxi­
mately 1.6 kcal. greater for the unreduced sample 
than for this same sample after one reduction.
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The rise in the heat curve and subsequent maximum 
near monolayer coverage are attributable to co­
operative adsorption on the reduced surfaces. 
Almost exact coincidence of the heat curves for 
argon adsoroed on the reduced samples resulted if 
these values were plotted as a function of surface 
coverage 8 indicative of adsorption on the same 
type of surface. However, at low values of 9 
the heats of adsorption were less after the second 
reduction. The equilibrium function and isosteric 
heat data indicate that both the unreduced and 
reduced nickel samples were heterogeneous and 
that these surface heterogeneities strongly influ­
enced adsorption in the region of small 8 for the 
reduced samples and to higher values of coverage 
for the unreduced nickel. Furthermore, the surface 
heterogeneities on the reduced samples tended to 
smooth out as a result of sintering at the high 
temperature employed in the reduction.

Volume adsorbed, ml. S.T.P./g.
Fig. 3.— Isosteric heats of adsorption of argon on nickel.

Absolute Entropy of the Adsorbed Phase.—Hill2 
showed that for a model of localized adsorption on a 
heterogeneous surface without adsorbate inter­
actions the configurational entropy at temperature 
T  is given by the equation

S c =  k  In I J  1  j\r.) 1
i

where B\ represents the sities of energy i and N i 
the number of molecules adsorbed on the B i sites. 
The maximum possible configurational entropy S m 
( T  infinite) is expressed by the relationship

B i
Sm =  kin  _  jy ji (4)

and is independent of the distribution of site 
energies on the surface. S m also gives the con­

figurational entropy on a uniform surface. Drain 
and Morrison3 carried out the arduous calculations 
necessary to obtain the configurational entropy 
from equation 3 as well as the non-configurational 
entropy for the adsorption of argon on rutile at 
85 °K. A knowledge of the site energy distribution 
for argon adsorbed on this solid at 0°K. was essen­
tial to their calculations and this in turn was 
obtained from calorimetric measurements of the 
heat capacities of adsorbed argon films down to very 
low temperatures. These heat capacity measure­
ments probably represent the only method pres­
ently available to obtain a distribution function at 
0°K. where the surface sites fill strictly in order of 
their energies.

Since it was impossible to obtain a proper dis­
tribution function for the argon-nickel systems 
studied here, the rigorous calculations of the type 
outlined by Hill could not be carried out. However 
on the basis of the model of localized adsorption on a 
heterogeneous surface, the integral molar configura­
tional entropy is represented reasonably well by the 
equation

This expression 5 is accurate for a site energy dis­
tribution wide compared to R T  and should not be in 
error by more than 20% even for a homogeneous 
surface below monolayer coverage.3

In Fig. 4 the experimental molar entropies, S a, 
for argon adsorbed on unreduced nickel and this 
sample after one reduction are plotted as a function 
of surface coverage, 9. The general shapes of the 
two curves are similar; i .e ., both show an increase 
in entropy with increasing adsorption in the range 
of low 9 values and then remain little changed as 
coverage increases. The absence of high entropy 
values in the region of small 9 was surprising for this 
adsorbate at this temperature and suggested that 
adsorption here took place on very heterogeneous 
portions of the surfaces with small contributions 
to the total entropy due to configurational effects 
and particularly so for the unreduced sample.

Fig. 4.— Molar and configurational entropies of argon on 
nickel.

For localized adsorption on a heterogeneous 
surface, configurational entropies calculated from 
equation 5 should be valid for the argon-nickel 
systems up to the point where cooperative adsorp­
tion began. Calculated configurational entropy
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values for both nickel surfaces are compared in 
Fig. 4. These values were one to trvo entropy 
units lower for the unreduced surface and supported 
the contention based on previous data that this 
unreduced surface was the most heterogeneous of 
the two types studied. Furthermore, the con­
figurational entropies for both surfaces tended 
toward zero as 6 -*■ 0, a fact already deduced from 
the shapes of the integral entropy curves at low 6.

The calculated S a curves increased with in­
creasing coverage and eventually exceeded the 
maximum possible configurational entropy, S m. 
For the reduced sample, this took place at 6 ~  0.2 
and undoubtedly was evidence for the onset of 
adsorbate interactions at unusually low coverages. 
The equations developed by Hill2 to treat adsorp­
tion on a heterogeneous surface with nearest neigh­

bor interaction were too complex to treat mathe­
matically even if a proper distribution function had 
been available. Thus it was likely that a model of 
localized adsorption on a heterogeneous surface 
without adsorbate interaction was not valid 
beyond 9 =  0.2 and 9 = 0.5 for the reduced and 
unreduced surfaces, respectively.

In the presence of interactions a division into a 
noil-configurational and configurational entropy 
becomes arbitrary. Thus, it is difficult to interpret 
the essentially constant entropy values at liigher 
coverages. These values are very near the entropy 
of liquid argon for both samples.
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Diffusion coefficients for iodine and toluene in a series of saturated hydrocarbons and for benzoic, acetic and formic 
acids in a number of organic solvents are reported. Data were obtained by the diaphragm cell method.

Introduction
At the present time diffusion in liquids is not 

fully understood. Besides inadequate theoretical 
description of the liquid state, insufficiency of 
experimental data has constituted one main 
difficulty in its investigation. Not all the data in 
the literature are sufficiently accurate, and some 
pertain to relatively high concentrations of the 
solute thereby requiring a knowledge of activity 
coefficients for interpretation. In addition there 
has been more extensive study of the diffusion of 
various solutes in a given solvent than of a single 
solute in various solvents. The latter is desirable 
for consideration of the role of solvent properties. 
This investigation was undertaken to provide 
additional data for dilute solutions to serve as a 
possible basis for the development of improved 
correlations of liquid diffusion.

Experimental
A. Solvents Used.— All solvents except normal hydro­

carbons were of C.p. grade and were used without further 
purification.

The normal hydrocarbons were first passed through a 
silica gel column, and then distilled. The portion cf dis­
tillate having a boiling point within one degree of the boiling 
point of the pure substance was recovered for use in the 
diffusion studies. The viscosities of the normal hydro­
carbons were measured with an Ostwald viscosimeter. 
Their viscosities are compared with those reported in 
Timmermans1 as follows.

Solvent
Viscosity of 
solvent used 
at 25°, C.p.

Viscosity of 
pure solvents at 
25° reported in 
Timmermans

«-Decane 0.860 0.853
n-Dodecane 1.416 1.353
«-Heptane 0.384 0.389
«-Hexane 0.304 0.294
«-Octane 0.509 0.508
w-Tetradecane 2.12

(1) T. Timmermans, “ Physico-chemical Constants of Pure Organic 
Compounds,”  Elsevier Publishing Co., Inc., New York, N. Y.

It is seen that except for «-dodecane and «-hexane viscosity 
values agree very closely with those reported in the litera­
ture.

B. Apparatus.— The diaphragm cell method was used 
for measurement and its principles and technique have 
been described previously.2 The diaphragms had a pore 
diameter of two to five microns so that stirring had no 
detectable effect on the transport within the diaphragms. 
Each of the cells consisted of a vertical glass diaphragm 
approximately 3 mm. in thickness and 5 cm. in diameter 
separating the cell into two compartments having a volume 
of 80-100 ml. each. Short iron rods encased in glass were 
placed in each compartment to be operated as magnetic 
stirrers. Magnets were located suitably beneath the cells 
on pulleys which were rotated by a variable speed belt 
drive. This arrangement provided adequate stirring to 
maintain uniform concentrations in each compartment. The 
entire apparatus was built into an air-bath containing eight 
rotating magnets capable of simultaneous operation of four 
cells. Bath temperature was controlled to ± 0 .1 °.

C. Procedure.— In treating the diffusion experiment the 
standard equation2 was used

logl° =  P'Dit (R
where

0' =  the cell constant
D ; =  the integral diffusion coefficient
t =  time during an experiment
AC-, and ACt =  the initial and final concentration dif­

ferences
Equation 1 is based on the assumption of concentration- 

independent diffusion coefficients and quasi steady-state 
conditions. Therefore the diffusion coefficient obtained 
is an integral diffusion coefficient. The cell constant, 0', 
has to be determined with a standard substance whose diffu­
sion coefficient is known as a function of concentration. 
For this purpose, 0.1 N  KC1 aqueous solution was used. 
For the diffusion of 0.1 A  KC1 solution in water until con­
centrations in the two compartments are, respectively,
0.075 and 0.025 N  the integral diffusion coefficient is 1.870 
X 10“ 6 cm.2/sec. at 25°3 and 2.093 X  10-5 cm.2/sec. 
at 30°. The value at 30° is based on diffusion data ob­
tained partly from Harned and Nuttall3 and partly from the 
extrapolation by theory of Onsager and Fuoss.3 Since

(2) A. R. Gordon, N. Y. Acad. Sci., 46, 285 (1945).
(3) H. S. Harned and R. L. Nuttall, ibid., 51, 781 (1949).
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diffusion data of KC1 up to 0.1 N  solution at 4 and 25° and 
the existing data at 30° agree well with the theory, the 
values obtained by extrapolation were expected to be 
correct within their experimental error. This was evi­
denced by agreement between the values of cell constant 
obtained at 25 and 30°.

For a measurement, the solutions were kept at constant 
temperature in a water-bath. Either concentrated or 
dilute solution was charged into one compartment and 
application of vacuum to the other compartment enabled 
the solution to wet and fill up the glass diaphragm com­
pletely. This compartment was then filled. The other 
compartment was similarly filled with the other solution, 
and preliminary diffusion started in order to obtain a 
continuous concentration gradient of solute across the 
diaphragm. For estimating the time necessary to do so the 
following rule2 was used

where
t — time required
D =  diffusion coefficient of the solute
L =  effective length of the diaphragm

After sufficient time had elapsed, the solution in each com­
partment was replaced by fresh solutions and the normal 
diffusion period started. The normal diffusion period 
usually required a few days. At the end of the experiments, 
samples were withdrawn from each compartment for anal­
ysis. General practice was to run the experiment long 
enough so as to make loge (ACO/fACf) larger than 1.2. 
In this case 1% error in titration would give about 4%  error 
in diffusion coefficient.

D. Analyses.— The analyses of solute concentrations 
were performed by titration with a microburet graduated to 
0.02 ml. Standard solution of sodium thiosulfate of con­
centration 0.05 N  was used for analysis of iodine, and 0.1 N 
standard solution of sodium hydroxide was used for the 
analysis of the acids with phenolphthalein as indicator. 
The reproducibility of.this titration was usually ±0 .15% . 
For the determination of potassium chloride concentration, 
standard silver nitrate solution was used. The error in the 
value of the diffusion coefficient introduced by the titration 
was found to depend on the time of the experiment. It was 
important to titrate solutions in one run with the same 
standard solution so that the error in standardization of the 
solution, if any, would be cancelled out, producing no 
effect on the value of diffusion coefficients.

The analysis for toluene in normal hydrocarbons was 
made by means of a Beckman spectrophotometer. The 
extinction coefficients were determined and found to obey 
Beer’ s law. However, these extinction coefficients may not 
be those for the pure substances, for although the solvents 
had been refined, there was no proof that they were chemi­
cally pure. The diffusion coefficient was considered to be 
independent of the extinction coefficients as long as Beer’s 
law was obeyed. Values of extinction coefficients for the 
solvents used are shown in Table I. The reproducibility 
of the spectrophotometric reading is within 1.5%.

T able  I
E xtinction  Coefficients of T oluene in N ormal 

H ydrocarbons
Wave Molai

Temp., length, extinction
Solvent °C. A. coefficient

n- Hexane 23.5 2600 185.0 ±  0 .8
2620 206.8  ±  .7

n-Heptane 23.5 2600 109.7 ±  .1
2620 112.8 ±  .2

ra-Decane 23.5 2600 105.2 ±  .4
2620 106.3 ±  .1

n-Dodecane 23.5 2600 148.2 ±  .5
2620 166.4 ±  .6

E. Reliability of the Method for Measurements Used
This Investigation.—The reliability of the present method of 
measurement was examined by the following measures:

1. Calibration of the diaphragm cells at 25 and 30°, 
using data of Harned and Nuttall3 for potassium chloride,

gives reproducible cell constants. Furthermore, the 
measurement of diffusion coefficient of potassium chloride 
at 50.9° gave a value of 3.18 X 10~5 cm.2/sec. in agreement 
with the extrapolated value from the data of Harned and 
Nuttall at 25 and 30° (Table II).

T able  II
D iffusion of 0.1 N  KC1 into W ater

Temp.,
°C. D X 105, cm.2/sec.

25 1.870 (Harned and Nuttall)
30 2.093 (Harned and Nuttall)
50.9 3.18 (This research)
50.9 3.20 (Extrapolated value)

2. Measurement of the diffusion coefficient of hydro­
chloric acid at initial concentrations of 0.07 N  and zero at 
30° yielded a value of 3.40 X 10~5 cm.2/sec. Interpolation 
of data of James and Gordon4 at 25 and 35° gave a value of 
3.30 X  10~3 cm.2/sec. On the other hand, Falinski’s 
datum5 of 0.1 N  HC1 diffusing into water at 16° is also 
higher than the interpolated value from Gordon’s data 
(Table III).

T able III
D iffusion of 0.07 N  HC1 into W ater 

Diffusion coefficient, D X 105 cm.2/sec.

Temp., This

Inter­
polation

from
°C. research Gordon Falinsk
30 3.40 3.30
16 2.39 2.52

3. Measurement of diffusion coefficient of iodine in 
bromobenzene at 30° yielded 1.394 X 10” 5 cm.2/sec. while 
the extrapolated value from Miller’s data6 came out to be 
1.39 X 10~6 cm.2/see.— in excellent agreement. Diffusion 
of iodine in carbon tetrachloride was also measured at 30° 
and compared with Miller’s data. Table IV shows that the 
present values at mean concentrations of 0.0501 and 0.0921 
N  at 30° are, respectively, 1.58 X  10_E and 1.51 X 10-5 
cm.2/sec. compared with an extrapolated value of 1.53 X 
10“ 6 cm.2/sec. from Miller’s data for diffusion from 0.095 
N  to zero concentration in his apparatus. Since Miller 
used a different method of measurement, this integral 
coefficient would not correspond exactly to one obtained 
in this study with initial concentrations of 0.095 N  and
zero.

T able IV
D iffusion of I odine in CC1,

Temp.,
°C.

D X 105 cm.2/sec. 
This

research Miller
Av.

eonen.,
N

30 1.58 0.0501
1.50 0.0921

1.53 0 .048

Results
Data for diffusion of benzoic acid, acetic acid, 

formic acid cinnamic acid, toluene and iodine are 
tabulated in Tables V through X. The repro-
ducibility of data depended upon the duration of 
the experiment and the technique of titration. 
The acids and iodine were titrated by standard 
solutions with a microburet calibrated to 0.02 of a 
milliliter. Usually three milliliters of standard 
solutions were required to titrate a sample of larger 
volume, and it was possible to read the buret to
0.01 milliliter. The reproducibility was therefore 
within 0.3%. For the diffusion measurement, the 
values of A C i/A C t were usually around 1.4. Since 
the diffusion coefficients depended on the logarith-

(4) W. A. James and A. R. Gordon, J. Chem. Phys., 7, 963 (1939).
(5) M. Falin&ki, Compt. rend., 218, 754 (1944).
(6) C. C. Miller, Proc. Roy. Soc. {London), 106, 724 (1924).
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D if fu sio n  of B en zo ic  A cid

Viscosity Initial cell
Temp., D X 105, of solvent compartment concn., Dv/T X

Solvent °C. cm.2/sec. rj X 102, poise g. mole/1. 101»
Carbon 14.8 0.78 1.048 0.07389 0 2.82

tetra- 25.0 0.91 0.907 .07227 0 2.76
chloride 40.5 1.17 .732 .07216 0 2.74

Benzene 15.0 1.17 .696 .09060 0 2.83
25.0 1.38 .503 .09061 0 2.79
40.0 1.76 .497 .09052 0 2.78

Toluene 16.0 1.29 .620 .03195 0 2.76
25.0 1.49 .552 .03195 0 2.77
40.0 1.85 .471 .03018 0 2.78

Acetone 13.2 2.37 .342 .05089 0 2.82
25.0 2.62 .312 .05099 0 2.75
40.0 3.05 .268 .05088 0 2.73

Ethylene 25.0 0.043 (± 1 0 % ) 17.33 .05933 0 2.49
glycol 50.0 0.18 (± 1 0 % ) 6.62 .06048 0 3.77

T a b l e  VI T a b l e  IX
D if fu sio n  of A cetic  A cid“ D if fu sio n  of F orm ic  A cid“

Diffusion Viscosity Diffusion Viscosity
coefficient of solvent coefficient of solvent

Temp., D X 10s, v X _102, Dv/T X Temp., D X 10*, V X 10», Dv/T X
Solvent °C. cm.Vsec. poise 10'” Solvent °C. cm.Vsec. poise 10'»

Carbon 6.5 1.15 1.201 4.94 Carbon 8.5 1.61 1.163 6.65
tetra­ 14.8 1.27 1.052 4.63 tetra­ 25.0 1.89 0.907 5.74
chloride 25.0 1.49 0.907 4.53 chloride 15.0 1.67 1.048 6.08

40.0 1.78 .736 4.18 Benzene 6.2 1.99 0.815 5.81
Benzene 25.0 2.09 .603 4.22 13.9 2.31 .712 5.72

5.9 1.58 .817 4.62 25.0 2.28 .603 5.21
Toluene 25.0 2.26 .552 4.19 Toluene 6.2 2.28 .706 5.77

15.0 1.90 .620 4.10 14.1 2.46 .635 5.44
6.8 1.66 .701 4.16 25.0 2.65 .552 4.90

Acetone 40.0 4.04 .268 3.45 Acetone 25.0 3.77 .312 3.94
25.0 3.31 .312 3.46 13.5 3.27 .346 3.95
15.0 2.92 .337 3.41 6.5 3.13 .370 4.14

Ethylene 15.0 0.039 (± 1 0 % ) 26.09 3.5 Ethylene 25.0 0.094 (± 1 0 % ) 17.33 5.5
glycol 25.0 0. 13 (± 1 0 % ) 17.33 7.4 glycol 50.0 0.22 (± 1 0 % ) 6.62 4 .4

30.0 0. 20 ( '±10 % ) 13.35 8.8 “ Initial cell compartment concentrations approximately
0-008 and 0 mole fraction.

“ Initial cell compartment concentrations approximately
1.003 and 0 mole fraction. T a b l e  X

nr a -RT.n! v î t D if fu sio n  of I o d in e  in V a r io u s O rg an ic S o lv e n t s
D X Viscosity Initial cell

D if fu sio n  o f  C in n a m ic  A cid 10*, of solvent compartment
D X Viscosity Initial cell

Temp., cm.2/ v X 1 0 2, concn.. Dv/T
Solvent °C. sec. poise g. mole/g. X 10'»105. of solvent comDartment n-Tetra- 25 0.96Temp., cm.2/ v X 1 0 2, concn., Dv/T 2.120 0.007745 0 6.81

Solvent °C. sec. poise g. mole/1. X 10'» decane
Carbon tetra­ n-Octane 15 2.43 0.579 0.04220 0 4.89

chloride 25 0.76 0.907 0.03501 0 2.30 25 2.76 0.508 .04210 0 4.71
Benzene 25 1.12 .599 .03922 0 2.25 40 3.22 0.417 .04231 0 4.29
Toluene 25 1.18 .552 .03230 0 2.18 n-Hexane 25 4.24 0.304 .05600 0 4.31
Acetone 25 2.41 .312 .04915 0 2.52 Cyclo­ 15 1.54 1.056 .06389 0 5.65

hexane 30 1.92 0.820 .06334 0 5.21
T a b l e  V ili 40 2.30 0.703 .06383 0 5.17

D if fu sio n  of T olu en e Methylcy- 40 2.71 0.549 .04422 0 4.74
Viscosity 
of solvent clohexane 30 2.30 0.639 .04421 0 4.86

Temp., D X 10*, V X 102, Dv/T X Ethyl 40 1.77 0.821 .1164 0 4.65Solvent °C. cm.Vsec. poise 10« alcohol 25 1.32 1.065 .1165 0 4.71
n-Hexane 25.0 4.21 0.304 4.13 Bromo- 30 1.39 0.985 .03043 0 4.53
n-Heptane 25.0 3.72 0.384 4.80 benzene
n-Decane 25.0 2.09 0.860 6.04 Carbon 30 1.63 0.839 .01450“ 4.57
n-Dodecane 25.0 1.38 1.416 6.54 tetra­ 1.61 .03622“
n-Tetra- chloride 1.58 .05005“

decane 25.0 1.02 2.120 7.23 09205“
n-Heptane 6.9 2.95 0.469 4.94 “ Average concentration over both compartments during

40.0 4.33 0.333 4.60 the diffusion measurement.
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mic values of ACi/ACf, a reproducibility within 
1.5% frequently was obtained, in fact, within 
1% in many measurements.

For diffusion in very viscous solutions, for 
example the diffusion of acids in ethylene glycol, 
the data were not expected to be accurate because 
of the slow diffusion rate and resulting small con- 
tration changes during an experiment. They 
were expected to be good within 20%, however.

The diffusion of toluene at 25° in various normal 
hydrocarbons was studied. Analyses by the Beck­
man spectrophotometer were reproducible to with­
in 1.5%. With a value of ACi/ACf equal to 1.5, 
this reproducibility should give an accuracy of 
± 2 %  for the diffusion coefficient. No duplicate 
runs were made in normal hydrocarbons because 
of the limited amount of solvents.

Discussion
Data were taken at various temperatures for 

most of the systems. It was of particular interest 
to examine the group D r j / T  which according to 
both the Stokes-Einstein equation and the Eyring 
theory should be essentially independent of 
temperature.7

The D r ) / T  groups for benzoic acid diffusion in 
carbon tetrachloride, benzene, toluene and acetone 
do not vary by more than 5 %  over a fairly wide 
range of temperature. Benzoic acid has an 
anomalous behavior in ethylene glycol, as shown 
by the appreciable change of D y / T  with tempera­
ture (Table V). This does not seem to be at­
tributable to inaccuracy of the results as mentioned 
in the preceding section. However, it is not sur­
prising in view of the complicated hydrogen bond­
ing structure in ethylene glycol which may change 
in character with temperature.

Except for the systems of acetic acid in acetone 
and toluene and formic acid in acetone, formic acid 
and acetic acid do not give constant values of 
D r i /T . This is possibly due to some complication 
from molecular association of formic and acetic 
acids.

In an adjunct paper3 the authors have examined 
a large body of data and proposed an empirical 
equation for estimation of diffusion coefficients

D =  7.4 X 10-“  (2)

where
D  =  diffusion coefficient, cm.2/sec.
T =  temperature, °K.
M =  solvent molecular weight
7) = solution viscosity, poise
V = solute molar volume, cc./g. mole

The molar volume of the solute at its normal boiling 
point is estimated by the atomic contributions of 
Le Bas9-10 for complex molecules, x is an associa­
tion parameter for the solvent having a value of 1.0 
for unassociated liquids and values of 2.6, 1.9 and
1.5 for water, methanol and ethanol, respectively.

(7) C. R. Wilke, Chem. Eng. Prog., 45, 219 (1949).
(8) C. R. Wilke and Pin Chang, presented at New York meeting, 

American Institute of Chemical Engineers, December, 1954.
(9) Perry, “ Chemical Engineers’ Handbook,”  McGraw-Hill Book 

Co., Inc., New York, N. Y., 1950.
(10) J. H. Arnold, Ind. Eng. Chem., 22, 109 (1930).

Although this equation has no quantitative theo­
retical basis it represents a large body of data with 
an average deviation of about 10%.

Figure 1 shows experimental data for diffusion of 
acetic and benzoic acids in several solvents plotted 
according to equation 2. Practically all the data 
fall within 10% of the correlation line indicating 
that satisfactory results are obtained assuming the 
acids to be in monomeric form.

0.2 0.4 0.6 0.8 1 2 4
■nV̂ /lV h.

Fig. 1.—Diffusion of organic acids.

The diffusion rate of formic acid in ethylene 
glycol is lower than that of acetic acid, whereas the 
converse is true in other solvents. This is evi­
dently due to the formation of ester. In the 
determination of the formic acid by titration with 
sodium hydroxide solution, a few drops of the latter, 
which is expected to be much less than the quantity 
required to neutralize the acid, suffice to turn the 
solution red with phenolphthalein, the color 
vanishing in about 30 seconds. This indicates 
that only a small fraction of the formic acid re­
mains as formic acid in equilibrium with the ester.

Comparison of data in Tables X and XI indi­
cates that diffusion of iodine in saturated hydro­
carbons gives considerably higher values of D r ) /T  
than diffusion in aromatic hydrocarbons of similar 
molecular weight. This is in agreement with the 
concept of complex formation in iodine-aromatic 
hydrocarbon systems as postulated by Benesi and

T a b l e  XI
D i f f u s i o n o f  I o d i n e  i n A r o m a t k H y d r o c a r b o n s

T e m p ., Dr,/T D e n sit ie s
V is c o s ity  
v X 1 0 * ,

S o lv e n t °c. X  1 0 “  <f  s o lv e n ts p o ise

Benzene“ 8.86 4.38 0.765
19.91 4.29 0.888 .648

Toluene“ 8.66 3.98 .675
19.91 3.93 0.878 .588

Jii-Xylene“ 8.90 3.74 .745
19.91 3.74 0.872 .649

Benzene6 25.0 4.33 .605
Toluene6 25.0 3.99 .559
m-Xylene6 25.0 3.73 .589
Mesitylene6 25.0 3.39 .681
a C. C. Miller, Proc. Roy. Soc. (London), 106, 724(1924). 

b B. R. Hammond and R. H. Stokes, Trans. Faraday Soc., 
49,886(1953).
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Hildebrand11 and previously suggested to be a factor 
in iodine diffusion by Hammond and Stokes.12

From the foregoing discussion it is evident that 
a further theoretical approach is needed which 
adequately accounts for specific interactions of 
solvent and solute molecules to serve as a basis for 
improvement of empirical relations such as equa-

(11) H. A. Benesi and J. H. Hildebrand, J. Am. Chem. Soc., 71 , 
2703-2707 (1949).

(12) H. R. Hammond and R. H. Stokes, Trans. Faraday Soc., 49 , 
886 (1953).

tion 2. Although not entirely satisfactory, the 
assumption of constancy in Dtj/T appears to pro­
vide a fair representation of the temperature de­
pendence. Equation 2 is considered to be useful 
as a first approximation for engineering design and 
certain other purposes for which moderate pre­
cision may be sufficient.
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The kinetics of the reversible exchange reaction PbY“ +  Zn + + ZnY“ +  Pb + + has been studied in acetate buffered 
solutions, at an ionic strength of one, at 25°, by means of the polarographic method using the streaming mercury electrode. 
The exchange proceeds via at least three simultaneous reaction paths. The proton-catalyzed reaction path is discussed 
on the basis of the “stationary state approximation.” The equilibrium constant of the exchange reaction calculated from 
the kinetic measurements is in a very good numerical agreement with the value of this constant as determined by the usual 
equilibrium measurements.

Displacement reactions of the general type1
Mem +  M eaY  < ^ M e,,) -f- MemY (1)

where Y  represents the tetravalent anion of ethyl- 
enediaminetetraacetic acid (=  Enta), are measur­
ably slow processes.2-10 Schwarzenbach and col­
leagues7 studied in detail the kinetics of the reaction 
between copper(II) salts and the cadmium-Enta 
complex. They found that this apparently simple 
reaction proceeds actually via four different reac­
tion paths

Cu +

“ GdY ' 

11
CdYH

11
Cd +  YH 

11
_Cd +  YHü

Cd +  CuY 

Cd +  CuY +  H 

Cd +  CuY +  H 

Cd +  CuY +  2H

( 2 )

The reactions enclosed in the parentheses are as­
sumed to be in a “ quasi-equilibrium state” during 
the over-all exchange process.

Long and colleagues studied the kinetics of the 
exchange reaction 1 between radioactive iron(III)

(1) In this and in the following equations ionic charges are omitted 
for the sake of simplicity.

(2) F. A. Long, S. Jones and M. Burke, Brookhaven Conference 
Report 2, Upton, N. Y., December 1, 1948.

(3) R. Pribil and E. Vicenova, Chem. Listy, 4 5 , 532 (1951).
(4) G. Schwarzenbach and E. Freitag, Helv. Chim. Acta, 3 4 , 1503 

(1951).
(5) C. M. Cook, Jr., and F. A. Long, J. Am. Chem. Soc., 73 , 4119

(1951) .
(6) S. S. Jones and F. A. Long, T his Jo u r n a l , 5 6 , 25 (1952).
(7) H. Ackermann and G. Schwarzenbach, Helv. Chim. Acta, 3 5 , 485

(1952) .
(8) K. Bril and P. Krumholz, T h is  J o u r n a l , 5 7 , 874 (1953).
(9) K. Bril and P. Krumholz, ibid., 58, 339 (1954).
(10) G. Schwarzenbach, R. Gut and G. Anderegg, Helv. Chim. Acta, 

3 7 , 937 (1954).

perchlorate and the iron(III) Enta complex.6 They 
found the acid induced dissociation of the complex 
to be the “ rate-determining step” of this exchange 
in acid solutions.

It seemed to us interesting to investigate further 
the mechanism of the exchange reaction 1 and in 
particular to examine how far the “ quasi-equi­
librium” hypothesis is justified. For this purpose it 
is desirable to choose a system where both the for­
ward and the reverse reaction 1 can be conveniently 
measured.11 The system

ZnY +  Pb PbY +  Zn (3)

was found convenient for such study, and the re­
sults obtained are reported.

The polarographic technique using the streaming 
mercury electrode as an indicator electrode of the 
progress of the reaction was applied throughout 
this work.

Experimental Part
Materials.—The preparation and the standardization of 

the Enta disodium salt, zinc nitrate and lead nitrate solu­
tions were described in a previous communication.8 The 
solutions of the metal-Enta complexes contained an excess 
of 0.5% of uncomplexed metal. The pH of these solutions 
was adjusted to about 5.5.

Apparatus.—The jet electrode arrangement, as well as 
the auxiliary equipment were described in a previous com­
munication.8 For the kinetic measurements a simple time 
registering device was used. Instead of taking galvanome­
ter readings at given time intervals, the time intervals be­
tween suitably chosen galvanometer readings were deter­
mined. A disk of cardboard about 8 cm. in diameter is 
fixed on the axis of an electric clock. When making a gal­
vanometer reading, one pushes down an ink writing pointer 
(fixed upon a flexible arm), which leaves a mark on the paper. 
This device allows the time to be determined with a precision 
of about 0.2 sec.

(11) In the system studied by Ackermann and Schwarzenbach.7
the reverse reaction 1 is almost negligible and enters only as a numeri- 

. cally very small correction term into the over-all rate expression.
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Calibrations and Measurements.— A ll  m ea su re m e n ts  
w ere m a d e  a t  2 5  ±  0 .1  a t  an  ionic stre n g th  o f on e  a d ­
ju ste d  w ith  p o ta ss iu m  n itr a te . T h e  p H  o f all so lu tio n s w as  
m a in ta in e d  b y  m ea n s o f  an  a c e ta te  b u ffe r . A ll  so lu tio n s  
w ere 0 .1  M  in  so d iu m  a c e ta te ; th e  c o n cen tra tio n  o f acetic  
acid  v a rie d  b e tw e e n  2 .5  X 1 0 ~ s a n d  4 X 1 0 -2  M .

T h e  rea ctio n  p ro gress w as fo llo w e d  b y  m ea su rin g  th e  d if­
fu sio n  curren t o f th e  lead  ion  a t  a  c o n sta n t ap p lied  p o te n tia l.

T h e  diffusion  cu rren t c o n sta n t o f  lead  ( I d )  d epends  
slig h tly  u p o n  th e c o n cen tra tio n s of b o th  th e  z in c -  an d  th e  
le a d -E n t a  c o m p le x .8 Id  w a s  d e te rm in e d  in th e  p resen ce of  
v a r y in g  le a d -E n t a  con cen tra tio n s as d escribed  in  our p re ­
v io u s  p a p e r .8 T h e  in fluence o f th e  z in c -E n t a  co m p le x  
u p o n  Id  w as acco u n ted  fo r , w here n e ce ssa ry , b y  e x tr a p o la t­
in g  th e  tim e -d iffu s io n  cu rren t p lo t  o f th e  a c tu a l k in etic  e x ­
p e rim e n t to  zero tim e . . Id  w a s  th e n  ca lcu la ted  fr o m  th e  
k n o w n  in itia l lead  c o n ce n tra tio n  a n d  th e  d eterm in ed  in itial 
d iffusion  cu rren t. A ll  o th er fa c to rs  b e in g  c o n sta n t, Id w as  
fo u n d  to  be  c o n sta n t w ith in  1 - 2 %  in  th e  lead  con cen tra tio n  
range 5  X 1 0 _ 6 t o 5  X 1 0 - 4 M .

T h e  p H  o f  a ll so lu tio n s w as m ea su red  b efo re  a n d  after th e  
k in etic  ex p e rim e n t w ith  a  precision  o f a b o u t ± 0 . 0 1  p H  u n it.

F o r  the k in etic  m ea su re m e n ts 2 0  m l. o f a buffered  m e t a l -  
E n ta  c o m p le x  so lu tio n  w as p ip e tte d  in to  th e p o larog rap h ic  
reaction  ce ll, th e rm o sta tiz e d  a n d  o x y g e n  re m o v e d  b y  p a ss­
in g  a  stre a m  o f  p u re  n itrog en  d u rin g  a b o u t 3 0  m in . T h e n  
th e residual curren t o f th e  m e t a l-E n ta  so lu tio n  w as d e te r­
m in e d  an d  c o m p e n sa te d .

M e a n w h ile  th e  so lu tio n  c o n ta in in g  th e  c o m p e tin g  m eta l 
( a t  th e  sa m e p H  a n d  ionic s tr e n g th ) , w as b ro u g h t to  the  
sam e te m p era tu re . T h e  air w as re m o v e d  b y  m ea n s o f a 
n itrog en  stre a m  in tro d u ce d  th ro u g h  a  reca lib ra ted  1 0 -m l .  
p ip e t #w ith  a  c u t-o ff  o u tflo w  t ip . T h is  p ip e t w as u sed  to  
d eliver 10  m l . o f  th e  m e ta l so lu tio n  in to  th e  pola ro g ra p h ic  cell. 
I t  w as verified  th a t  b y  th is  o p era tio n  no m ea su ra b le  a m o u n t  
o f o x y g e n  w as in tro d u ce d  in to  th e  reaction  m ix tu re . T h e  
o u tflo w  tim e  o f ou r p ip e t  w as a b o u t 1 sec . T h e  m ix in g  w as  
a cco m p lish ed  b y  m ea n s o f  a  ra p id  n itrog en  s tr e a m . T h e  
m ix in g  tim e  d eterm in ed  b y  d eliv erin g  1 0  m l . o f a  so lu tio n  
o f lead  n itra te  in to  2 0  m l . o f a  le a d -E n t a  so lu tio n , w as of 
th e  order o f th e  g a lv a n o m e te r  p e rio d , a  s te a d y  g a lv a n o m eter  
rea d in g  b e in g  o b ta in e d  a fte r  less th a n  2  se c .12 T h u s  th e  u n ­
c e rta in ty  con cern in g  th e  rea ctio n  tim e  w as also  o f a b o u t 2  s e c .

T h e  re a ctio n  w as fo llo w ed  u n til eq u ilib riu m  w as re a ch e d . 
F r o m  th e  k n o w n  in itia l c o n c e n tra tio n s , ( )0, an d  th e  o b ­
served  eq u ilib riu m  con c e n tra tio n  o f le a d , ( P b ) e, th e  eq u ilib ­
r iu m  c o n sta n t K i t  w as ca lcu la ted  as d escribed  in a p re ­
viou s c o m m u n ic a tio n .8 I t s  v a lu e  w as confirm ed  in  a  d u p ­
licate e x p erim en t in  w h ich  a ll co m p o n e n ts  of th e  reaction  
w ere m ix e d  in  e x a c tly  th e  sa m e p ro p o rtio n s as in  th e  actu a l  
kin etic  e x p e rim e n t, an d  th e  eq u ilib riu m  c o n ce n tra tio n  of  
lead  m ea su red  a fte r  sev era l h o u rs s ta n d in g . T h e  v a lu e s  of 
K i t  th u s o b ta in e d  ag reed  w ith in  b e tte r  th a n  5 % .  T h is  
in d icates c lea rly  th a t  n o  ap p recia b le  a m o u n t o f lead ion  
w as e le ctro ly ze d  d u rin g  th e  k in etic  e x p e r im e n t.8'13

Experimental Results
The formal kinetics of the reaction 3 were stud­

ied first by mixing lead nitrate with the zinc-Enta 
complex in well buffered solutions containing zinc 
nitrate and zinc-Enta complex in great excess over 
lead. Under such conditions the diplacement re­
action behaves like a reversible first-order reaction 
(see ref. 7). The rate expression

-  =  „4- _  v -  =  i.+ ( P b ) _  /c - ( P b Y )  (4 )
at

may be integrated directly, giving
l n j ( P b )  -  (P b)cJ  =  -  ( k  + +  k ~ ) t  +  l n f ( P b ) 0 -  ( P b ) e |

__________________  (5 )

(12) The jet electrode, as an indicator electrode for kinetic measure­
ments has a definite advantage over the conventional dropping mer- 
fury electrode, which makes necessary the use of long period galvanom­
eters. Using the jet electrode in connection with a short-period 
automatic current-time registering device, it should be possible to fol­
low even much faster reactions than those studied here.

(13) The electrolyzing potential was applied only when galvanom­
eter readings were taken. Thus even for reaction mixtures taking 
about one hour or more to reach equilibrium, the total electrolysis time 
was never longer than about 3 minutes.

where (Pb), (Pb)0 and (Pb)e represent, respectively, 
the actual, initial and equilibrium concentrations 
of lead.14 The equilibrium condition

/C+(Pb)e = k~(PbY)e = fc-{(Pb)„ -  (Pb)ej (6)
makes it possible to calculate both kinetic “ con­
stants” k + and k ~  from rate and equilibrium meas­
urements.

For the graphic evaluation of equation 5 experi­
mental points were used up to 10-20% away from 
equilibrium. The equilibrium concentration of 
the lead-Enta complex in the different experiments 
was equivalent to a 40-60% exchange. Relation 5 
was found to be valid, within the experimental er­
ror, in the following range of concentrations 

(Pb)0 = 1.6 X 10-> M 
2 X 10-3 M <  (ZnY)o <  1.5 X HU2 M 
5 X IO- 3 M <  (Zn)o < 3 X 10~2 N 
5 X lCT1 M  <  [H] < 1 X 10“5 M

For (Zn)0 <  10-2 M  and (ZnY)0 <  5 X 10“ 8 M  we 
found

K i t  =  2.95 ±  0.2 (8)

However with increasing zinc-Enta complex and 
zinc concentrations a small but systematic increase 
of i ? 2 n was observed. This is due to the forma­
tion of metal-metal-Enta ion pairs.815

In the indicated concentration range, k +  is a 
linear function of the concentration of the zinc- 
Enta complex, and up to [H] =  8 X HU6 M  a lin­
ear function of the hydrogen ion activity16 (see 
Fig. 1).

Inspection of Fig. 1 shows that k +  can be repre­
sented according to

k+ — R o + +  k-zn [ H ]  j ( Z n Y )  ( 9 )

kzn , as shown in Fig. 2, is a linear function of the 
reciprocal zinc concentration. For l/(Z n )0 =  0, 
k +  is still dependent upon the hydrogen ion activ­
ity. This indicates that kzv contains a term inde­
pendent of the zinc concentration, so that fcZn can be 
expressed as

kzn =  A'i+ +  fe +/(Z n )  (10)

(14) In this and in the following equations, symbols like (Pb) 
represent the sum of free (hydrated) and weakly complexed (like 
PMCHsCOO)* or Pb(NOs)) metal ions. The kinetic constants dis­
cussed represent therefore the sum of kinetic constants for processes 
in which those ions take part simultaneously.

(15) The influence of the metal-metal-Enta ion pair formation 
(see ref. 8) upon the ivzn value is masked here partially by the high 
nitrate and acet-ate concentrations as well as the elevated ionic strength. 
This masking effect was discussed in a previous communication.8 
The comparison of the K zn value previously reported ( = 14.5) and 
valid at 20°, 1.0 M  nitrate concentration and in the absence of acetate 
buffer, with our present value of 2.95 indicates clearly that the acetate 
complexes of lead are more stable than the corresponding complexes 
of zinc (cf. eq. 10, p. 878, ref. 8); see S. Aditya and E. Prasad, J. 
Indian Chem. Soc., 29, 169 (1952); 30, 213, 255 (1953); V. F. To- 
porova and F. M. Batyrshina, C. A ., 44, 3392 (1950). N o t e : re­
cently Schwarzenbach and colleagues10 published new values of 
-&Me2 for an extensive series of metal-Enta complexes (see for com­
parison ref. 4 and 8). The values reported are corrected for the in­
fluence cf M eY-H formation. However, formation of other weak 
complexes (such as acetates) and(or) ion pairs, was neglected. This is 
the reason why the discrepancy between our8 and Schwarzenbach’s 
-&Me2 values although small remains greater than allowed for by the 
experimental errors (especially for systems involving the lead ion).

(16) At lower pH, terms quadratic in [H] appear in the rate expres­
sion in accordance with the findings of Ackermann and Schwarzen­
bach7 for the system cadmium-Enta -f copper. The present study 
was limited to a pH range within wThich those terms are numerically 
negligible.
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Fig. 1.—k+/(ZnY)0 as a function of the hydrogen ion 
activity; ionic strength = 1.0; nitrate solutions; acetate 
buffer;' t = 25°; (Zn)0 = 5.45 X 10“ 3 M (curve 1), 10.8 X 
10“ 3 M (curve 2); (ZnY)„ = CD, 2.02 X 10“ 3 M; O, 4.69 X 
10“ 3 M; ©, 10.06 X 10“ 3 M.

l/(Zn )0.
Fig. 2.—¿ +/(ZnY)o as a function of the reciprocal zinc 

concentration; ionic strength = 1.0; nitrate solutions; 
acetate buffer; t = 25°; (ZnY)0 = 4.7 X 10“ 3 M; pH 
5.15 (curve 1), 5.61 (curve 2), 6.24 (curve 3).

The total rate expression for the forward reac­
tion 3 may therefore be represented according to

r + = jfe,+ +  fci + [H] +  (Pb)(ZnY) (11)

in full analogy with the findings of Ackermann and 
Schwarzenbach7 for the reaction between copper 
nitrate and the cadmium-Enta complex.

The lines in Figs. 1 and 2 have been calculated ac­
cording to equation 11 using the following numeri­
cal values for the constants

ko+ = 0.34 moles liter-1 sec.-1
k1+ = 2 X 104 moles liter“ 1 sec.“ 1 (12)
ki + = 1.1 X 103 moles liter“ 1 sec.“ 1

In the concentration range investigated, experi­
ment and theory agree within about 5% or better.

As already stated, the same set of experiments 
makes it possible to calculate k~ using relations 5 
and 6. independently, k~ was determined by 
studying the reaction between the lead-Enta com­
plex and zinc. The “ initial velocity method” was 
used for this study.17 The uncertainty as to the v0 
value was estimated to about ±  10%.

The lead-Enta complex concentration was var-

[H] x 10«.
Fig. 3.—fc~ as a function of the hydrogen ion activity at 

different zinc concentrations; ionic strength = 1.0, acetate 
buffer; t = 25°; (Zn)„ = 10.8 X 10“ 3M (curve 1); 5.45 X 
10“ 3 M  (curve 2); 1.32 X 10“ 3 M (curve 3). Points ob­
tained from initial velocity measurements: O (PbY)0 =
0.101 X 10y3 M and ©, (PbY)0 = 1.01 X 10“ 3 M. Points 
obtained using relations 5 and 6; ©, (ZnY)o = 2.02 X 10“ 3 
M and 9, (ZnY)0 = 4.69 X 10“ 3 M.

(Zn)o X 103.
Fig. 4.—k~ as a function of the zinc concentration at dif­

ferent pH, ionic strength = 1.0; nitrate solutions; acetate 
buffer; t =  25°; pH 5.18 (curve 1), 5.61 (curve 2), 6.24 
(curve 3). Points obtained from initial velocity measure­
ments; O, (PbY)o = 0.101 X 10“ 3 M and ®, (PbY)0 =
1.01 X 10“ 3 M. Points obtained using relations 5 and 6: 
©, (ZnY)o =  2.02 X 10“ 3 M and ©, (ZnY)0 = 4.69 X 10“ 3 
M.

(17) The initial velocity (v)o was determined by the usual extrapola­
tion method of the velocity at time t, to t — 0.
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ied between 5 X 10-s M  and IO-3 M. k~ was 
found independent, within the experimental error, 
of both lead-Enta and zinc-Enta concentrations. 
As shown in Figs. 3 and 4, kr is proportional to the 
zinc concentration as well as to the hydrogen ion 
activity. There is no term in k~ independent of 
both those concentrations, but, clearly, one term 
dependent only upon the zinc concentration and a 
second one dependent only upon the hydrogen ion 
activity. However the existence of three terms in 
the rate expression for the forward reaction 3 makes 
necessary the occurrence of a third term in the rate 
expression for the reverse reaction. Inspection of 
Figs. 3 and 4 shows that the dependence of k~ upon 
the zinc concentration is slightly higher at greater 
values of the hydrogen ion activity, and vice versa. 
This indicates that the third term might be propor­
tional to the product of both zinc and hydrogen 
ions concentrations.18 The rate expression for the 
reverse reaction 3 could be thus represented by 
V -  = !fe- (Zn) +  fe- [H](Zn) +  fe- [H]} (PbY) (13)

The lines drawn in Figs. 3 and 4 have been com­
puted by means of equation 13 using the following 
values of the constants

fe~ = 0.12 moles liter-1 sec.-1
fe-  =  7.1 X 103 moles liter-1 sec.-1 (14)
fe~ = 3.9 X 102 moles liter-1 sec.-1

Experimental values of both series of experiments 
agree within 10% (or better) with those computed 
according to relations 13 and 14; this agreement is 
quite satisfactory considering the greater experi­
mental error involved in the determination of k~ as 
compared with k+.

Discussion
To be correct the empirical equations 11 and 13 

must be thermodynamically consistent. Introduc­
ing the condition of equilibrium

We+ = »e-  (15)
the Guldberg and Waage equilibrium relation for 
reaction 3 should result. Grouping the terms ac­
cording to the microreversibility principle, one 
finds easily the condition for “ thermodynamic 
compatibility”

fe + _ fej _  fe_+ 
k0~ ki~  f e - (16)

Experimentally we found: k0+/k0~ =  k1+/ki~ =  
k2+/ki~ =  2 . 8 2  as compared with the directly deter­
mined value of 2.95 ±  0.2. This good agreement 
confirms the thermodynamic correctness of both 
experimental rate expressions 11 and 13.

Grouping the terms of relations 11 and 13 ac­
cording to equation 16 the experimental over-all 
rate expression for reaction 3 becomes
„ = , ; + + » -  = fe+(Pb)(ZnY) -  fc„- (Zn)(PbY) +

+  fe+(Pb)(ZnY)[H] -  fe- (Zn)(PbY)[H] +  (17)
+  fe + (- b)(.yn^ )[H] _  fe-(PbY)[H](An)

The reaction paths as proposed by Schwarzen­
bach and Ackermann7 (see eq. 2) for the exchange 
reaction between the copper nitrate and the cad-

(18) This conclusion is supported by theoretical considerations as 
will be shown in the discussion of the experimental results.

mium-Enta complex are compatible with the ex­
perimental rate expression 17.

It is most probable that the first term of equation 
17 expresses the veloc:t3r of the direct exchange re­
action according to equation 3.

The second rate term of equation 17 can be cor­
related with the following reaction path

ZnY +  II ZnYH (18a)
ZnYH +  Pb PbYH +  Zn (18b)

PbYH PbY +  H (18c)

provided that the rates of the dissociation and the 
formation of the protonated species are very rapid 
as compared with the rates of the direct and re­
verse displacement processes 18b. Under these 
conditions reactions 18a and 18c are in a quasi- 
equilibrium state, and the kinetic rate expression 
assumes the form of the second term of equation 17. 
We feel however that the experimental evidence is 
not good enough (see Experimental Results) for a 
quantitative interpretation of this reaction path.

The third rate term of equation 17 can be corre­
lated with the reaction path

ZnY +  H
&2a +

( >  Zn + I H (19a)
fea“

YH +  Pb
&2b +

(19b)< >  PbY -f H
feb

Assuming reaction 19a to be in a quasi-equilibrium 
state it can be shown (see ref. 7) that the rate ex­
pression corresponding to this reaction path is iden­
tical with the third term in equation 17 if

f e + =  feb + fe »+/fe a - and f e -  =  feb~

The validity range of the quasi-equilibrium as­
sumption can be deduced easily by means of the 
stationary state approximation.19 Due to the equi­
librium position of both series reactions 19, the con­
centration of HY will remain always very small as 
compared with the concentrations of all other re­
action partners.20 The stationary state approxi­
mation is thus applicable and allows the calculation 
of the concentration of HY during the over-all ex­
change process. One finds easily

(YH) = fea+(ZnY) +  feb- (PbY) 
fea- ( Zn) +  feb+(Pb) [H] «[H] (20)

Using relation 20 the rate expression for the reac­
tion path 19 becomes

-  = feb+ (Pb)[Hja -  feb-  (PbY)[HJ =

(19) The reaction path 19 represents a proton catalysis of reaction 
3 and may be treated mathematically as such. See G. M. Schwab, 
“ Katalyse vom Standpunkt der chemischen Kinetik,”  J. Springer, 
Berlin, 1931; R. P. Bell, “ Acid-Base Catalysis,”  Clarendon Press, 
Oxford, 1941. Displacement reactions of this type were treated mathe­
matically by K. H. Herzfeld, Z. physife. Chem., 9 8 , 101 (1921). For a 
more rigorous treatment of the stationary state approximation see the 
papers of Skrabal, i.e., Monatsh., 7 4 , 293 (1943).

(20) Using the values of the dissociation constants for both PbY and 
ZnY as determined by Schwarzenbach and colleagues (see ref. 10), 
and the ionization constants for Enta acid as reported by G. Schwarzen­
bach and H. Ackermann, Helv. Chini. Acta, 30 , 1798 (1947), it is pos­
sible to calculate, approximately, the equilibrium constants of both ele­
mentary reactions 19a and 19b.
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=  ^ + (ZnY)[H l -  fea- (Z n ) [H ]«  =
foa+feb+(ZnY)(Pb) -  (PbY)(Zn) „  .

fea- (Zn) + feb+ (Pb)
Under the condition that

feb+ (Pb) < <  f e a - (Z n )  (2 2 )

relation 21 assumes the following form

-  t  -  *»* f e = (Z,,Y>(P1>) <K> -  <PbV|lH|
(23)

which is obviously identical with the third term of 
the experimentally found equation 17.

We have now to verify whether condition 22 was 
fulfilled in our experiments. For the reverse reac­
tion 3, studied by the method of initial velocities, 
the initial lead concentration is zero, or at least very 
small, so that the condition 22 is satisfactorily ful­
filled. In the case of the forward reaction 3 the lead 
concentration was, in our experiments, at least 
one-thirtieth that of zinc. Even if the greater 
stability of the lead-Enta complex, as compared 
to the zinc-Enta complex (A|£ — 3), is due ex­
clusively to a higher rate of formation {k2b + — 3fc2a“ ) , 
fc2a_ (Zn) will still be about 10 times greater than 
feb+(Pb). Under the limited precision of our ex­
periments the influence of this term upon the de­
nominator of 21 would fall within the experimental 
errors. d(Pb)

The formal agreement b e t w e e n ---- =
the empirical and deduced rate equa­
tion for the third reaction path does not constitute

a definite proof that the formulated reaction se­
quence 19 is the only one, or even the most impor­
tant. It is possible and even probable that this 
reaction path occurs via the protonated complexes, 
M eY-H, according to the reaction sequence

h  o+
ZnY +  H -------> ZnYH (24a)

&2c_

ZnYH
fo>d+

Zn +  YH (24b)^
kid~

Pb +  YH
fae +

PbYH (24c)
2̂e

PbYH
h  U

PbY +  H (24d)<----—
fef

As long as the stationary state approximation can 
be applied to the particles ZnYH, PbYH and YH 
kinetics offer no means of distinguishing between 
this sequence and 19.21 It is further possible that 
not only protons but also undissociated acetic acid 
reacts with the metal-Enta complexes. This means 
that reaction 3 could be not only proton, but gen­
erally acid catalyzed.

(21) The stationary state approximation gives for the reaction path 
24 the following rate expression

fec+fed+feo+fef+ (ZnY)(Pb)[H] -  fee "fad-fe.rfer (PbY)(Zn)[H]
(&2e~~ -f" &2f+)&2c~&2d_ (Zn) +  (&2c~~ +  &2d+)&2e+ (Pb) 

which is identical in form with relation (21).

THE SECOND AND THIRD ORDER INTERACTION OF A MIXTURE OF
GASES AND A SURFACE1

B y  T a k a o  K w a n , 2 M a r k  P. F r e e m a n 3'4 a n d  G. D. H a l s e y , J r . 
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Expressions are developed for the second and third mixed virial coefficients between a solid and a two-component gas mix­
ture. The apparent volume of a vessel filled with a high surface-area powder is developed as a function of mole fraction of 
the gas mixture and these coefficients. Numerical evaluation of the constants is made on the basis of a cube-law attraction 
energy with the surface and hard-sphere repulsion for the gases. Experiments are reported for the systems argon-krypton- 
alumina, argon-methane-charcoal, and argon-nitrogen-charcoal. The agreement is satisfactory.

Introduction
This paper is an extension of previous work5-7 on 

the interaction of a gas and a surface under condi­
tions such that the highest important interactions 
are between pairs of gas molecules. The experi­
mental method is to measure the apparent volume

(1) Presented at the 127th National Meeting of the American 
Chemical Society, Cincinnati, Ohio, March 29-April 7, 1955.

(2) The Research Institute for Catalysis, Hokkaido University, 
Sapporo, Japan. Fullbright Scholar, Visiting Lecturer, Universty of 
Washington, 1954-1955. Present address; Frick Chemical Labora­
tory, Princeton, N. J.

(3) National Science Foundation Predoctoral Fellow, 1954-1955.
(4) Presented in partial fulfillment of the requirements for the de­

gree of Doctor of Philosophy.
(5) W. A. Steele and G. D. Halsey, Jr., J. Chem. Phys., 22, 979 

(1954).
(6) W. A. Steele and G. D. Halsey, Jr., T h is Jo u r n a l , 5 9 , 57 (1955).
(7) Mark P. Freeman and G. D. Halsey, Jr., ibid., 5 9 , 181 (1955).

of the vessel containing the finely divided solid 
with, in this case, a mixture of gases of known com­
position. Since the experiments reported here are 
for mixtures of two gases only, it will suffice to gen­
eralize the derivation7 of the second- and third-order 
interactions of a single gas to the three component 
case: that is, surface, gas A, and gas B.

Development of the Virial Expansion.— We shall 
not repeat the complete derivation of the earlier 
reference, but only point out the essential dif­
ferences brought on by the introduction of the 
second gaseous component. We shall need to con­
sider the following interaction energies: uf' and uf, 
the interaction between the surface and the single 
molecules of species A and B; u£A and u88, the 
interactions between similar pairs of gas molecules;
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and MyB, the interaction between a dissimilar pair. 
Given N a  molecules of species A and N b  molecules 
of B, we must make a summation of these energies 
to arrive at the total potential energy. This will 
yield an expression analogous to eq. 1 of our pre­
vious paper.

If we now define a set of functions of the form
/ f  =  e x p  ( — u f /k t ]  — 1, e t c .  ( 1 )

and
fikB = exp { -uf£/ht\ -  1, etc. (2)

we can perform a derivation analogous to but con­
siderably more cumbersome than our earlier one. 
It leads to the expression for the total pressure for 
a geometric volume F geo and a temperature T

N k T

N

X A( 1  -

AG + Z A
F geo T  Has

~ Z1ÜAAS
_ (  F geo +  H a s )3 

Z a ) Cabs /

¡o +  B  BS

i (1 — Z a )2C bbb i
* / t r i r> X a I(Tgeo

1
B b s ) 8

+ 1
(Fgeo +  Bas)( Fgeo +  Hbs) V Fgeo + HaS ĝeo +  Hbs,)](

(3 )

Here, N is the total number of gas molecules of both 
species, and X a is the mole fraction of species A. 
The 5 g s ’s and C'g g s ’s stand for integrals of the 
type

Hbs = f  /?  dr? (4)J Kgeo
and

Cabs =  f f  (1 +  /? ) (1  +  / ? )  /,A.B dr,' dr? (5)

Cons =  C L  (1 + / ? ) ( 1  + / 2G) / ,G2G d r ? d r 2G (6)
J  J  V geo

where the symbol G stands for either A or B and 
drp is the differential volume element available to 
the ith molecule of species G.

For convenience, we write

1/Fo = Z A
Fgeo -fi Has

1 -  Z a
Fgeo +  H bs

(7 )

We also define C0 so that
r  / V 3 — Z aC aas , (1 — Z a )2Cbbs . 

ul 0 “  (Fgeo +  Ha s)3 +  ( F geo +  Hb s)3 +
Z a (1 -  Z a )C abs /  1 i 1 \

(Fgeo +  H as)( F  geo +  H bs) \ F geo +  Has F geo. +  H bs/
( 8 )

If we now introduce the apparent volume defined 
as before by the perfect gas law

F  =  N k T / P  (9 )

and substitute into equation 3 using the definitions 
(7) and (8) we find

1 / F  =  ( 1 /F o )  -  (C „ /F o 3) ( H F A -7 ’ ) (1 0 )

Notice that at P  = 0, V = V0. Also

= ~ Co/VlkT (11)

At P =  0, this expression reduces to
d F /d P |  o =  C o /k T  (1 2 )

This is the generalized form of eq. 18 of the previ­
ous paper. It remains to show how Vo and Co vary 
with mole fraction.

Variation of the Intercept and Slope with Mole 
Fraction.—The variation of the apparent volume

extrapolated to zero pressure is given directly by 
the simple expression defining F0, eq. 7.

However, the slope Co/kT is now given by the 
rather awkward expression

ZICaas (1 — Z a )2Cbbs . 
(Fgeo +  Has)3 (Fgeo +  HBs)3C o /k T  =  F 3 /A 5 P [(

Z a(1 — Z a) Cabs 
(Fgeo +  Has)(F geo +  Hbs,1 V Vgeo +  Has

1 I
:)]Fgeo F Hbs

(13)
The functional dependence of slope on X a is some­
what obscured in this equation owing to the implicit 
relationship of F0 with X a. If it happens that we 
are studying two gases and the apparent volumes of 
each of the pure constituents at zero pressure are 
not too far apart, then we can gain more insight 
into the functional dependence in (12) by expand­
ing it in terms of

5 — (H  as — H BS) / ( 2 F g eo +  H as +  H Bg) 

to yield the result
C o /k T  =  l / k T {  [ Z i  Caas +  (1 -  Z a)2 Cbbs +  2 Z A (1 -  

Z a)Cabs] +  6 S Z a (  1 -  Z a)[— Z aCaas +  (1 -  
Z a)Cbbs +  [Za -  (1 -  Z a)] Cabs] +  0(52)j (14)

Notice that when 8 approaches zero, this expression 
reduces to the same form as that for the second vir- 
ial coefficient for a mixture of two gases.8

Crude Model for Evaluating the Third Virial 
Coefficient.—We shall retain the same crude hard 
sphere model as before.7 This leaves us but one 
new parameter to evaluate, C a b s - C a a s  and C b b s  
may be evaluated directly from the parametric rep­
resentations and tabulations of our previous pa­
pers.6’7

In the evaluation of C a b s  we follow a derivation 
essentially identical to that for C q g s , but differing 
in the following respects.

(1) The energies of interaction at the distance 
of closest approach (eS) are now different for the 
two atoms.

(2) The distance of closest approach of atoms of 
different species ( D a b )  is taken to be ( H a a  +
D b b ) / 2 .

(3 ) The unit length is now taken to be D a b -
(3a) (S o)  is now taken to be D q s / D a b -
(4) The area available for interaction is taken to 

be the area available to the gas atom with the lesser 
area as defined in ref. (5). That is, it has been 
found that when applying this model,6 different 
gases will have slightly different available areas of 
interaction with the solids. This difference prob­
ably reflects the imperfection of the model, but if 
we assume that the model is correct and that more

T a b l e  I

( k c a l . / A Don Dca Dab
Adsorbent G a se s mole) ( m . V g . ) (A.) (A.) (A.)

Alumina Krypton 3.46 131 1 . 9 9 3.61 3.52
Argon 2.80 1.87 3.42

Charcoal Methane 4.64 980 3.30 3.88 3.65
Saran S-85 Argon 3.66 2.90 3.42
Charcoal Nitrogen 3.70 1030 2.59 3.68 3 55
Saran S-85 Argon 3.66 2.90 3.42

(8) See R. H. Fowler and E. A. Guggenheim, “ Statistical Thermody­
namics,” Cambridge University Press, Cambridge, 1952, p. 297, eq. 
720.3.
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area is available to one species owing to, say, its 
small size permitting it to penetrate crevices for­
bidden to the other, we may assign the lesser area 
to the interaction. Areas and other parameters 
used in evaluating Gabs are tabulated in Table I.

(5) The limits of integration must be modified to 
account for the difference in atomic size involved.

It should be mentioned that we are given both 
Z>a b  and D qs for each gas involved. This is too 
much information unless different gases interact 
with different effective planes of interaction in the 
solid. We shall make this assumption.

With the above restrictions in mind, we can go 
through a derivation exactly like that for C g g s - 
Equation 5 becomes

C abs =  — * A D a b 4 I exP/J  <Ti
\ sM
1 kTal I . exp \ gleg

) kTal
[1 —  (o " A  — o - B )2] d < r A d o -B  (15)

where a b goes from the limits ow — 1 when a a — 
1 >  5b and otherwise from 5b to (ta +  1, and <rA 
goes from 5A to F geo/ ADkB »  o o .

This is the expression we integrated, but no gen­
eral parametric representation is possible in this 
case for instead of the two parameters we had in 
the evaluation of C g g s , we now have four param­
eters which would require a hyperspace representa­
tion. G a b s  must therefore be re-evaluated for 
each new situation.

Notice the square bracket in equation 15 is to the 
first power. A typographical error in our previous 
paper7 put a square root sign over the analogous 
term in eq. 22.

Equation 13 is in such a form that G a b s  may be 
directly evaluated from the experimental results if 
we know G a a s  and G b b s . These in turn may be 
evaluated from equation 13 when it is expressed 
for the pure constituents (X A =  1, 0). Alterna­
tively we can of course use the theoretical values of 
G a a s  and G b b s -

It is not easy to find rare gas combinations that 
cover the situations we felt to be of interest, so 
that in two of the three cases we used one molecular

Fig. 1.—Reciprocal intercept vs. mole fraction argon for 
two systems: left, methane-argon-Saran S-85 (32.37°);
right, krypton-argon-alumina ( — 45.20°).

gas in conjunction with a rare gas. We might ex­
pect that when a molecular gas is involved one 
would get considerably more deviation from the 
hard sphere behavior assumed by the crude model.

Experimental.—The apparatus has been described pre­
viously,5 ~7 and the gases and solids used have been de­
scribed in these same papers.

The only new step involved was that of making the gas 
mixtures. The gases used were first measured out in a 
buret and then introduced into a one-liter flask where they 
were mixed by heating on one side with a small flame. 
Otherwise the technique was similar to that used previously.5

Comparison of Theory with Experiment.—
Three systems were investigated: argon and
krypton over alumina at —45.20°; argon and 
methane over Saran charcoal S-85 at 32.37°; 
and argon and nitrogen over the same charcoal 
at 0°.

The comparison with theory can be made in two 
stages. First, the functional dependence of slope 
and intercept on mole fraction is git-en rigorously 
by equations 7 and 11 or 12. Then the values of the 
“ C’s”  needed for the best fit may be compared with 
those calculated by the crude theory. Only rough 
agreement may be expected.

A plot of the reciprocal of the intercept shows the 
required straight line form as a function of mole 
fraction (Fig. 1). The values of Bas  and Bb s  have 
already been shown5'6 to be in satisfactory accord 
with the crude model.

In Fig. 2, the experimental slopes for the system 
argon-methane-charcoal are compared with the 
best theoretical line as calculated from equation 13, 
with the G’s as adjustable parameters where the 
G g g s ’ s are evaluated from 13 applied to the pure 
constituents. The shape of the curve is correct 
within experimental error.

Fig. 2.—Theoretical dependence of slope on mole fraction 
argon with the parameters adjusted for best fit shown with 
the experimental slopes for the system methane-argon- 
Saran S-85 (32.37°).

In Fig. 3, we have plotted the experimental
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T a b l e  II
Caas/UT X 10b 

cc./g./ram.
CBBs/kT X 104, 

cc./g./m m .
Cabs A T7 X 104, 

cc./g./m m .
Adsorbent Gases Theo. Exptl. Theo. Exptl. Theo. Exptl.

Alumina 
T = -45.2° 
Charcoal

A: argon 
B: krypton

1.01 0.37 13.76 15.46 3.33 4.24

Saran S-85 
T = 32.27°
Charcoal

A: argon 
B: methane

10.28 9.97 212.0 267.4 41.0 92.6

Saran S-85 
T =  0°

A : argon 
B: nitrogen

34.0 35.4 49.0 58.6 34.37 50.61

slopes and the theoretical line evaluating all of the 
C’s from the crude model alone for the system K r- 
A-alumina. When one bears in mind that there 
are no adjustable parameters, the agreement is ex­
cellent.

J' Fig. 3.—Theoretical dependence of slope on mole frac­
tion argon with the parameters evaluated from the crude 
model shown with the experimental slopes of the system 
krypton-argot: alumina ( —45.20°).

For both the above systems, the one gas, argon, 
interacts much less strongly with the surface than 

• the second. In the system argon-nitrogen-char­
coal the gases interact to about the same degree. 
In Fig. 4, the crude theory slopes are compared with 
the raw data. The C g g s ’ s  have been experimentally 
determined. The limiting slopes for the pure con­
stituents are close enough together to make the 
experimental error appreciable, but the trend of 
slope with mole fraction is what is expected. Some 
curvature in the plots shows that higher order in­

teractions are appreciable at these temperatures. 
With nitrogen as one component, it is not sur­
prising that some stronger energy sites exist that 
approach saturation at lower pressures. Neverthe­
less, the crude theory still seems to be roughly ade­
quate. The calculated and experimental values 
of the C’s are compared in Table II.

Fig. 4.—Theoretical volume vs. pressure lines with the 
parameter C a b s  evaluated from the crude model and inter­
cepts from eq. 7 shown with the raw data for the system 
nitrogen-argon-Saran S-85 (0°).

Conclusion.— This work constitutes a convenient 
and rigorous approach to mixed adsorption. We 
have avoided that term, however, because it im­
plies an arbitrary distinction between the ad­
sorbed phase and the gas phase. By treating the 
problem from the standpoint of a single gas phase 
under the influence of a potential energy field, a 
number of problems (notably analysis of the gas 
phase) are eliminated or bypassed.

A similar experimental treatment of mixed ad­
sorption has been made by Van der Waarden and 
Scheffer9 who studied the adsorption of hydrogen 
and nitrogen on silica gel. We had originally in­
tended to analyze their data; however, they proved 
to be unsuitable.

(9) M. Van der Waarden and F. E. C. Scheffer, Rec. trav. chirn.. 71, 
689 (1952).
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The polymorphism of a series of symmetrical 2-a-aminoacyl triglycerides and their acetate salts and of two N-acylated 
2-a-aminoacyl glycerides is reported. The substitution of an amino group for a hydrogen atom on the a-carbon of the 
2-acyl chain causes little change in the type of phase behavior of a triglyceride. The 2-a-aminoacyl triglycerides exhibit
m.p. levels and long spacings similar to those of the corresponding 2-acyl triglycerides where the a-aminoacyl and 2-acyl 
groups contain the same number of carbon atoms. The acetates and N-acylated 2-a-aminoacvl glycerides have no counter­
part in conventional glyceride molecules for direct comparisons, but show polymorphic behavior reminiscent of more familiar 
glycerides.

Previous papers from this Laboratory have re­
ported the polymorphic behavior of various fatty 
acid glycerides. These studies have been ex­
tended to the mono-a-aminoacyl triglycerides.1 
All the compounds discussed here are symmetrical 
diacid triglycerides of the X Y X  type in which Y  
is an a-aminoacyl and X  is a saturated Cu, Cie 
or Cis acyl group. The compounds for which X - 
ray diffraction and melting characteristics are dis­
cussed are 2-alanyl-l,3-dilaurin (LAL), 2-alanyl-
1,3-dipalmitin (PAP), its acetate (PAPAc), 2- 
alanyl-1,3-distearin (SAS), its acetate (SASAc),
2-of-aminobutyryl-l,3-distearin (SBS), 2-valyl-l,3- 
distearin (SYS), its acetate (SYSAc), 2-a-amino- 
lauroyl - 1,3 - distearin ( S L n S ), its acetate 
( S L n S A c), and also 2-N-acetylalanyl-l,3-dipal- 
mitin and 2-N-palmitoylalanyl-l,3-dipalmitin. The 
free-base glycerides exhibit alpha and either a beta 
or beta prime form, with one compound, SAS, 
showing sub-alpha in addition to alpha and beta 
forms. The acetate salts show typical alpha forms 
with SASAc, like its free base, also exhibiting a sub­
alpha state. The higher melting forms of PAPAc 
and SASAc are beta-prime while those of SVSAc 
and S L n S A c , corresponding to no classical gly­
ceride types, are designated as Forms I and II.

2-N-Acetylalanyl-l,3-dipalmitin and 2-N-pal- 
mitoylalanyl-l,3-dipalmitin both show alpha forms 
and two higher-melting forms. The latter do not 
fit classical types closely except for an intermediate 
beta-3 form for the first compound.

Experimental
Purification of the Compounds.—The preparation of the 

mono-a-aminoacyl and acylated mono-a-aminoacyl glycer­
ides has been reported.1 AH compounds were recrystallized 
just prior to study. The amino acid glyceride acetates were 
recrystallized by addition of 10 to 20 volumes of petroleum 
ether to a solution of the compound in 2 to 5 volumes of 
chloroform containing about 1% of acetic acid. The free 
bases were prepared as required by washing the acetates in 
chloroform solution with water at 0°; this was followed by 
recrystallization from 10 to 20 volumes of ether or petroleum 
ether at 0° to —20°. All compounds were 95 to 100% pure 
as indicated by perchloric acid titration of the amino group.

Both 2-N-acetylalanyl-l,3-dipalmitin and 2-N-palmi- 
toylalanyl-l,3-dipalmitin were recrystallized from petroleum 
ether. Kjeldahl nitrogen analysis indicated the compounds 
to be 95 and 97% pure, respectively. Titration with per­
chloric acid indicated both to be 97% pure, based on the 
presence of no more than 3% unacylated amino groups.

Thermal and X-Ray Diffraction Technique.—Established 
techniques2 were used for obtaining m.p. and diffraction

(1) W. F. Huber, J . Am. Chem. Soc., 7 7 , 112 (1955).
(2) E. S. Lutton, F. L. Jackson and O. T .  Quimby, ibid., 7 0 , 2441 

(1948).

data. “ Rapid complete m.p.’s”  and “ regular complete 
m.p.’s”  were determined for each compound, the former for 
metastable phases, especially alpha, the latter usually for 
the stable form only. Compounds in melt-filled glass 
capillaries tended to decompose on repeated thermal treat­
ment; this caused a progressive clouding which greatly 
hampered observation of melting behavior. By filling the 
capillaries with powdered sample and sealing before heating, 
the useful life of the capillaries was prolonged and more 
precise data could be obtained. All m.p. determinations 
reported here are on such powder-filled capillaries with the 
exception of those on 2-alanyldilaurin. Capillaries for the 
latter compound, due to its low m.p., were liquid-filled and 
then sealed.

The possible existence of intermediate melting forms was 
explored as follows. Melted samples in capillaries were held 
at 1 ±  0.2° below the alpha m.p. for 10 minutes during 
which time they solidified and then at 1 ±  0.2° above the 
alpha m.p. where partial melting and resolidification oc­
curred. The process took 10 to 20 minutes for the acetates 
and 2-N-acetylalanyl- and 2-N-palmitoylalanyl-l,3-dipalmi- 
tin. The free bases required a period of several hours. 
Actually only one form other than alpha (or sub-alpha) 
was obtained from melt for any of these compounds with the 
exception of SLnSAc which showed two.

Flat film X-ray diffraction patterns were made on all 
polymorphic forms with a General Electric XRD-1 unit 
employing Cu Ka nickel-filtered radiation and a 0.025 
in. pinhole system. Sample-to-film distance was usually 
10 cm., with a few patterns being taken at 5 cm. Low- 
melting phases were kept below their m.p.s. in a small cold- 
block during exposure.

Thermal and X-ray diffraction data are listed in the follow­
ing order: compound, polymorphic form: m.p. °C.; long 
spacing, L.S. (in A.); short spacings, S.S. (in A.). Unless 
indicated otherwise, m.p.’s of metastable forms are rapid 
c.m.p.s.; m.p.’s. of stable forms are c.m.p.s. Relative 
intensities of diffraction lines are indicated by (VS) = 
very strong, (S) =  strong, (M) = medium and ( W )  = 
weak.

Mono-a-aminoacyl Glycerides: LAL. a-1: 10° (ap­
prox.)3; L.S. 22.3; S.S. 4.10 (M). 0-3 (like): 26.5°4;
L.S. 39.1; S.S. 4.70 (M), 3.87 (M). PAP. a-1: 29.9 ±
0.2°; L.S. 25.6; S.S. 4.09 (M). 0-3: 48.2°; L.S. 43.8;
5.5. 5.38 (S-), 5.04 (M-), 4.57 (VS), 4.01 (S), 3.83 (S), 3.70 
(M-), 3.53 (M), 3.38 (M-). SAS. sub-a-1: no m.p.5 6; L.S. 
29.2; S.S. 4.15 (S), 3.75 (W). a-1: 40.9 ±  0.1°; L.S. 
29.5; S.S. 4.13 (VS). 0-3: 56.6°; L.S. 48.1; S.S. 5.34 
(M-), 4.56 (S), 3.98 (M ), 3.81 (M ). SBS. a-1: 39.6 ±  
0.3°; L.S. 30.5; S.S. 4.14 (S). 0'-3: 56.3°; L.S. 55.2;
5.5. 4.69 (M-), 4.20 (VS), 3.78 (S). SVS. a-1: 37.7 ±  
0.2°; L.S. 30.6; S.S. 4.13 (M +  ). 0'-3: 56.5°; L.S. 
57.7; S.S. 5.13 (M-), 4.74 (M), 4.21 (VS), 3.80 (S). SLnS. 
a-2: 40.3 ±  0.8°«; L.S. 47.5; S.S. 4.08 (S). 0'-3 (like): 
66.8°; L.S. 66.4; S.S. 5.16 (M -), 4.63 (S), 4.19 (VS), 3.91 
(S).

Mono-a-aminoacyl Glyceride Acetates: PAPAc. a-1:
32.2 ± 0 .4 ° ; L.S. 31.5; S.S. 4.10 (M). 0'-3 (like): 85.1°;
L.S. 51.4; S.S. 5.11 (W), 4.39 (M-), 4.17 (VS), 4.07 (M ),

(3) Starts to melt and reclouds.
(4) Obtained from melt only.
(5) The sub-a-1 form, present at 0°, transforms reversibly to the 

a-1 form below room temperature.
(6) Softening point.
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3.80 (M —), 3.60 (M). SASAc. sub-a-1: no m.p.7; L.S. 
34.2; S.S. 4.16 (S), 3.79 (M). a-1: 41.8 ±  0.3°; L.S. 
33.3; S.S. 4.08 (S). 0'-3 (like): 86.7°; L.S. 55.2; S.S. 
5.51 (M +  ), 4.60 (W), 4.30 (M), 4.15 (S), 4.03 (W), 3.76 
( W + ) ,  3.62 (W +  ). SVSAc. a-1: 41.7 ±  0.2°; L.S. 32.5;
S.S. 4.10 (S). Form I-38: 75.2 ± 0 .3 ° ; L.S. 54.4; S.S. 4.73
(S), 4.25 (W), 3.81 (S). Form II-3: 79.6°; L.S. 55.2; S.S 
4.88 (S), 4.17 (S), 3.85 (S), 3.77 ( S - ) .  SLNSAc. «-4:
57.4 ±  0.2°; L.S. 93.1; S.S. 4.08 (VS). Form 1-2 (4)9:
74.5 ±  0.5°; L.S. 44.4 (88.8); S.S. 4.65 (M). Form II-2
(4) : 75.9°; L.S. 44.3 (88.6); S.S. 5.93 (W), 4.90 ( M - ) ,  
4.45 (M +  ), 4.19 (M —), 3.96 (VS), 3.56 ( M -  ).

Acylated Aminoacyl Glycerides. 2-N-Acetylalanyl-l,3- 
dipalmitin.—a-1: 32.6 ±  0.2°; L.S. 28.1; S.S. 4.07 (S). 
0-3 (like)8: 62.8 dh 0.3°; L.S. 53.2; S.S. 5.06 (M), 4.55
(5) , 4.16 (W), 3.77 (VS), 3.49 (W). Form 1-3: 67.7°;
L.S. 56.2; S.S. 4.73 (S), 4.17 (VS), 3.95 (M), 3.61 ( M - ) .  
2-N-Palmitoylalanyl-l,3-dipalmitin. a-3: 52.8 ±  0.3°;
L.S. 73.1; S.S. 4.14 (VS). Form I-38 : 72.0 ±  0.5°; 
L.S. 67.1; S.S. 5.05 (M ),1» 4.15 (VS), 3.78 (M). Form
II-2 (4): 75.2°; L.S. 44.3 (88.6); S.S. 4.63 ( M - ) ,  4.15
(S), 3.92 (M), 3.71 (M), 3.56 (W).

Discussion
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Fig. 1.—Comparison of long spaeings of symmetrical di- 
stearoyl triglycerides : a and stable forms. (The data for 
2-lauroyldistearin are those of T. Malkin and M. L. Meara, 
J. Chem. Soc.. 1141 (1939).)

D,L-a-Aminoacyl Glycerides.—The lowest melt­
ing forms of all the mono-a-aminoacyl glycerides 
studied are a-1, i.e., single-chain-length a-forms 
with the exception of SLNS which is a-2. In 
addition, SAS shows a sub-a-form. Previous 
experience11 has shown that symmetrical short- 
chain 2-acyl 1,3-diglycerides (an X Y X  type) such 
as 2-acetyl-, 2-propionyl-, 2-butyryl- and 2-caproyl-
1,3-distearin, also exist in a-1 and possibly also 
sub-a-1 forms. Since the long spaeings of the a- 
forms of the 2-a-aminoacyl glycerides are essen­
tially the same as those of the analogous 2-acyl 
glycerides, the long chains of the former like those 
of the latter must be perpendicular to the planes 
of the end groups. The amino group has little or 
no effect on the longitudinal dimension of the unit 
cell. This is illustrated in Fig. 1 which shows a 
plot of long spaeings, with varying chain length 
of the 2-acyl and 2-a-aminoacyl groups in a series 
of 1,3-distearoyl triglycerides. Note that the 
a-long spaeings of both series follow practically the 
same path. The correspondence between the 
a-form m.p.’s of these 2-a-aminoacyl glycerides 
and those of the conventional X Y X  type trigly­
cerides is not as apparent; however, the general 
trend of the m.p. curves for the two series is the 
same. This is shown in Fig. 2, the aminoacyl gly­
cerides usually melting 5 to 10° higher.

Comparisons of the long spaeings and m.p.’s of 
the stable forms of the 2-a-aminoacyl-l,3-di­
stearins and the analogous 2-acyl glycerides are 
also shown in Figs. 1 and 2, respectively. LAL, 
PAP and SAS all of which contain a 2-alanyl 
group have /3-3 (or /3-like) stable forms. SBS,

(7) The sub-a-1 form present at 0°, transforms reversibly to the 
a-1 form below 20°.

(8) Solvent crystallized.
(9) Obtained pure from melt. The rod pellet prepared from sol­

vent crystals appears to be a mixture of forms I and II, with the 
former predominating.

(10) Diffuse diffraction line.
(11) (a) F. L. Jackson, R. L. Wille and E. S. Lutton, J. Am.

Chem. Soc., 73, 4280 (1951). (b) Heretofore unreported m.p.’s and
long spaeings of several X Y X  glycerides are: the lowest melting form 
of 2-propionyldilaurin 9.8°, 19.2 A. (a-1); 2-propionyldipalmitin 
24.4°, 25.7 A. (a-1); 2-propionyldistearin 36.9°, 27.6 A. (a-1), 28.6 A. 
(sub a-1) and for the solvent-crystallized forms of 2-propionyldilaurin 
24.1°, 37.1 A. (Form 1-3); 2-propionyldipalmitin 46.8°, 44.0 A. 
03-3); 2-propionyldistearin 55.5°, 48.4 A. (/3-3).
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Fig. 2.—Comparison of melting points of symmetrical di- 
stearoyl triglycerides: a and stable forms.

SVS and SLnS which have, in the 2-position, a- 
aminoacyl groups containing 4 or more carbon 
atoms, exist in /§'-3 (or d'-like) stable forms. The 
value for the /3-stable form of SAS falls on the 
curve for the d-forms of the 2-acyl-l,.3-distearins. 
Stable forms of the remaining a-aminoacyl- 
distearins, being /3-prime, have values which follow 
a parallel but slightly higher curve. M.p. agree­
ment is good, differences between corresponding 
members being only 1 to 3 °.

Figure 3 shows the long spaeings and Fig. 4 
the m.p.’s for the a- and stable forms of the 2- 
alanyl and corresponding 2-propionyl symmetrical 
triglycerides in which the fatty acyl group varies 
from 12 to 18 carbons. It is readily apparent that 
introduction of the amino group into the 2-acyl 
chain causes little change in m.p. or type of phase 
behavior.

The a-forms of the “ free bases” transform rather 
slowly to the stable forms. In the case of the 
somewhat similarly behaving palmitoyl- and stear- 
oyl-diacetins, mixtures have shown extreme alpha 
stability,12 but a 50:50 mixture of the present PAP 
and SAS was little if any more a-stable than the 
individual components and after 24 hours was 
completely transformed to beta.

These results show that the substitution of an 
amino group on the a-carbon of one acyl group of a

(12) F. J. Baur, J. Am. Oil Chem. Soc., 31, 196 (1954).
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Fig. 4.—Comparison of melting points of symmetrical tri­
glycerides.

triglyceride has little effect on melting properties 
and the major features of crystal structure.

i),t-«-Aminoacyl Glyceride Acetates.— The 2-ala- 
nyl glyceride acetates, PAP Ac and SASAc, show 
a-1 and /3-prime-3-like structures. In addition, like 
its free base, SASAc exhibits a sub-a-1 form. It 
appears, surprisingly, that as the 2-a-aminoacyl 
group lengthens, the similarity of the diffraction 
patterns to those of conventional triglyceride 
forms diminishes. This is shown for SVSAe and 
SLnSAc which have a-1 and (apparently) a-4 
forms, respectively'. They also show intermediate 
(from solvent) and stable forms, the diffraction 
patterns of which do not resemble classical beta or 
/3-prime forms. SVSAe has triple-chain-length 
intermediate (from solvent) and stable forms 
which are designated as Form 1-3 and Form 11-3. 
Of these compounds only SL^SAc shows two higher 
melting forms from melt, which, being either 
double-or quadruple-chain-length, have been desig­
nated as Form 1-2 and Form II-2 or 4. Form I, 
held near its m.p. until partial melting and resolidi­
fication has occurred, yields Form II.

Acylated Aminoacyl Glycerides.—The acylated 
2-alanyldipalmitins, 2-N-acetylalanyl-l,3-dipalmi- 
tin and 2-N-palmitoylalanyl-l,3-dipalmitin, each 
show three polymorphic forms.

2-N-Acetylalanyl-l ,3-dipalmitin has a typical 
a-1 form, m.p. 32.6°, an intermediate /3-3-like 
structure (from solvent), m.p. 62.8°, and a highest- 
melting triple-chain-length form designated as 
Form 1-3, m.p. 67.7°. The diffraction data on the 
intermediate /3-3-like structure were obtained on a 
rod pellet of the crystals from solvent. All 
attempts to prepare this form from melt gave 
products melting between 63 and 67.5°, and the 
X-ray patterns showed evidence of partial trans­
formation of this intermediate form to Form 1-3 
or transformation accompanied by decomposition.

2-N-Palmitoylalanvl-l,3-dipalmitin has a typical 
a-3 form, m.p. 52.8°, an intermediate Form 1-3 
(from solvent), m.p. 72.0°, and a highest melting 
form designated Form II-2 (or 4), m.p. 75.2°.

Acknowledgment.—The authors wish to express 
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X-ray diffraction patterns used in this paper.
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The lowering of the vapor pressure of toluene and isopropyl alcohol over concave surfaces was measured in capillaries 
0.8 to 3.0 n in radius. The determination was based on the principle of equilibrium between the liquid contained in a cone- 
shaped capillary and the vapor of the same liquid over a solution of a non-volatile solute. The results obtained point out 
the inapplicability of Kelvin’s relation to capillaries of the order concerned. Moreover, it seems that the polarity of the 
liquid influences the extent of the deviation from the equation. These deviations are explained on basis of assumption of 
long range forces.

The vapor pressure lowering over curved sur­
faces is given by Kelvin’s relation2

P_ 2 <rM
Po t\RTr ( 1)

where P„ is the vapor pressure over a plane surface; 
P the vapor pressure over a curved surface of 
radius of curvature r; d the density; M  the mo­
lecular weight; a the surface tension; R the gas 
constant, and T the absolute temperature. The 
positive and negative signs apply to convex and 
concave surfaces, respectively.

For convex surfaces (1) has been verified for 
radii of curvature of several microns, for water 
droplets by Goodris and Kulikova,3 for droplets 
of dibutyl phthalate by Shereshefsky and Steckler,4 
by Lyalikov5 for mercury droplets and by La Mer 
and Gruen,6 for dioctyl phthalate and oleic acid 
droplets less than a micron in diameter.

For concave surfaces the experimental results 
are considerably different from the calculated. 
Shereshefsky7 found that the lowering of the vapor 
pressure in capillaries of 4.05 g radius is twenty- 
three fold. On the other hand, Thoma8 working 
with capillaries of tenths of a millimeter radius 
obtained results in agreement with Kelvin’s rela­
tion. Recently Shereshefsky and Carter," in 
capillaries 3 to 10 y. in radius, obtained lowerings of 
the vapor pressure of water 30 to 80 times that 
calculated.

The present work was undertaken with the 
view of testing the applicability of the Kelvin 
relation in cases of concave surfaces of organic 
liquids, and to observe the influence of polarity on 
the abnormal effects found by Shereshefsky.

Experimental
1. Method.—Similar to the method of Shereshefsky 

and Carter,9 the measurements were based on the equi­
librium established between the liquid in a cone-shaped 
capillary and its vapor from a bulk solution of the liquid

(1) Visiting Professor of Physical Chemistry (1050-1952) under 
sponsorship of U.S.A. State Department.

(2) W. Thomson, Phil. Man.. [4] 42, 448 (1871).
(3) N. Goodris and L. Kulikova, J. Russ. Phys. C-hcm. Soc., Physical 

Part. 56, 107 (1924).
(4) J. L. Shereshefsky and S. Steckler, .7. Chem. Phys., 4 , 108 

(1930).
(5) K. S. Lyalikov, Acta Physicochim., U.R.S.S., 1 2 , 42 (1940).
(6) V. L. La Mer and R. Gruen, Trans. Faraday Soc., 4 8 , 410 

(1952).
(7) J. L. Shereshefsky, .7. Am. Chem. Soc., 50, 2966 (1928).
(8) H. Thoma, Z. Physik, 6 4 , 224 (1938).
(9) J. L. Shereshefsky and C. P. Carter, .7. Am. Chem. Soc., 72 , 

3082 (1950).

and a non-volatile solute. The liquid column in a capillary 
of this shape, when brought in contact with the vapor of the 
solution, will either increase or decrease in height, depending 
on the relative vapor pressures of the two parts of the 
system. In a full capillary, the liquid will evaporate, and 
the radius of the meniscus will decrease until the vapor 
pressure over the meniscus will equal the vapor pressure of 
the solution. After this point is reached, continued contact 
of the two parts of the system will not affect the position and 
radius of the meniscus. The latter may be obtained from 
the relation

r cos 6 =  r' (2)

where r and r' are the radii of the meniscus and capillary, 
respectively, and 0 is the contact angle. The vapor pressures 
of the solutions at the concentrations involved in these 
experiments were calculated with adequate accuracy from 
Raoult’s law

2. Apparatus.—The apparatus consisted of a high 
vacuum system, thermostat, vessel containing the capil­
laries and the solution, a vessel for weighing the solvent, an 
arrangement for the purification and storage of the solvent 
and a microscope-cathetometer with a source of light.

The capillaries were prepared from 0.5 mm. Pyrex capil­
lary tubing. The tubing was cleaned with hot concentrated 
nitric acid and rinsed with redistilled water for several 
hours. The drawing of the cone-shaped capillaries was 
carried out in a cross flame produced by two microburners 
by a twisting motion in two steps. Suitable portions were 
then selected for calibration and use. The calibration was 
made on a microscope with a screw micrometer eyepiece of 
tenfold magnification and an objective with a 44-fold 
magnification. The micrometer eyepiece was previously 
calibrated against a stage micrometer consisting of a glass 
plate with an engraved line one mm. in length and divided 
into one hundred equal parts.

The capillary diameter was measured at 0.5-mm. intervals 
starting from the open end. The light used came from a 
microscope lamp provided with a blue filter. The precision 
of the measurements was 0.1 m for radii of 0.7 u and larger. 
In order to eliminate capillaries with an elliptical cross 
section, three calibrations were made at different positions 
after the rotation of each capillary around its axis. Owing 
to the fact that the walls of the capillary act as lenses, it was 
necessary to introduce a correction in order to obtain the 
real radius. It can be shown that if the thickness of the 
capillary wall is at least ten times greater than the inner 
radius, the real radius may be obtained by dividing the 
apparent radius by the refractive index of the glass.

Eight suitable capillaries were attached to the inner wall 
of a Pyrex tube 14 mm. in diameter which served as the 
capillary chamber. They were arranged in four pairs and 
placed on different levels 30 mm. apart. The attachment of 
the capillaries was carried out by heating carefully, with a 
microburner from the outside, the point of the tube opposite 
the capillary’s closed end, until the glass melted slightly. 
This prevented any possible damage to the capillary.

A 100-cc. bulb attached to the lower end of the capillary 
chamber served as the solution vessel.

The thermostat was of 250-liters capacity. It included a 
toluene-mercury thermoregulator, a 400 watt heating 
element with a variable resistance in series, an electronic 
relay, a copper coil connected to a refrigerating unit with a 
circulating pump, and a powerful electrical stirrer. The
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T a b l e  I
T o l u e n e  D a t a  a t  2 0 °

Kelvin Capillary radii at level of meniscus at equilibrium, /x
Cap.
18

Cap.
2

Obsd.
Mol.
frac.

radius, Cap. Cap. 
7 16

Cap.
14

Cap.
5

Cap.
17

Cap.
1 Caled.

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

. 0 0 6 1 T . 4 1 1 . 8 0  1 . 8 0 1 . 3 0 full 2 . 1 0 1 . 2 0 1 . 2 0 1 . 3 0 3 . 5

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

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

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

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

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

. 0 1 1 7 4 * ’ . 2 1 1 . 1 0 1 . 2 5 1 . 9 0 0 . 9 0 0 . 9 5 0 . 9 5 4 . 9

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

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

Evaporation. b Condensation.
T a b l e  II

I s o p r o p y l  A l c o h o l  D a t a  a t  2 0 °

Kelvin Capillary radii at level of meniscus at equilibrium, /x
Cap. Obsd.Mol. radius, Cap. Cap. Cap. Cap. Cap.

frac. M ■ 14 5 17 1 18 2 Caled.

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

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

. 0 0 3 4 2 s ’“ . 3 9 1 . 8 0 2 . 1 0 2 . 2 0 2 . 5 0 2 . 5 5 6 . 0

. 0 0 3 4 2 s’ “ . 3 9 1 . 8 0 2 . 1 0 2 . 2 0 2 . 6 0 2 . 6 0 5 . 9

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

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

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

. 0 0 5 5 2 “ . 2 5 1 . 5 5 1 . 2 0 1 . 9 0 1 . 3 5 1 . 2 0 1 . 3 0 5 . 3

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

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

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

. 0 1 2 2 6 * ’ . 1 1 0 . 9 5 0 . 9 5 1 . 5 5 1 . 0 0 1 . 0 0 1 . 1 0 9 . 0

. 0 1 2 2 6 “ . 1 1 1 . 0 0 1 . 0 0 1 . 6 5 1 . 0 5 1 . 1 0 1 . 2 0 9 . 6

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

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

° Evaporation. 6 Condensation. c Measurements at 25°.

temperature was maintained constant within 0.001 to 
0.002° for 24 hours.

The weighing vessel was a glass bulb of 60 cc. with a stop­
cock. It was connected to the vacuum system by means of 
a ground glass joint and a three-way stopcock. The vessel 
for storing pure liquid consisted of two conjugated bulbs 
attached to the system through a stopcock.

The position of the meniscus was measured by a Gaertner 
cathetdmeter that permitted adjustment to 0.01 mm. 
A fluorescent lamp placed outside the thermostat served as a 
source of diffuse light.

Dibutyl phthalate was used as the non-volatile solute. 
It was prepared from an analytical grade sample by double 
vacuum distillation and collection of the middle fractions. 
The toluene with which the first series of measurements was 
carried out was purified from an analytical grade sample by 
shaking with concentrated sulfuric acid until no brown 
color appeared, washing with dilute NaOH solution and 
distilled water, drying over metallic sodium by refluxing 
for 24 hours and distilling. The isopropyl alcohol, of 
analytical grade, was twice distilled and dried over calcium 
oxide under reflux for 24 hours and distilled.

3. Procedure.—A weighed quantity of the solute was 
introduced into the solution vessel which was then pumped 
for 24 hours and left under high vacuum for several days. 
The purified solvent was introduced into the storage vessel, 
and was freed of dissolved air by vacuum distillation from 
one bulb to the other and subsequent pumping off of the 
freed air. The solvent was then transferred to the weighing 
bulb by distillation in vacuo. The bulb was removed and 
weighed, and after its re-attachment to the system the 
solvent was transferred by evaporation to the solution 
vessel. Equilibrium was approached from two directions, 
by evaporation from full capillaries and by condensation into 
empty or partially filled capillaries. The positions of the 
meniscus were measured at intervals of 15 to 30 minutes.

The level at which the meniscus remained unchanged for one 
or two hours was accepted as the equilibrium point.

Results
The contact angles of toluene and isopropyl 

alcohol as determined macroscopically on glass are 
zero. To determine the angle in microscopic 
capillaries a series of microphotographs were taken 
of capillaries of approximately 10 n radius and 
partially filled with the liquid. The menisci were 
clearly seen and showed that the contact angle 
was not appreciably different from zero. Figure 1 
shows the variation of the radii of the capillaries 
with the distance from the open end.

The measurements on toluene were carried out 
at 20°. They were made at seven different con­
centrations of the solution. Three of the de­
terminations were made both by evaporation and 
condensation. The results are given in Table I. 
In column 1 is given the concentration of the 
solutions in mole fractions, in column 2 the theo­
retical Kelvin radius, in the remaining columns 
except the last are given the observed radii of the 
capillaries at the level of the meniscus at equi­
librium, and in the last column is given the ratio of 
the average observed radius to the calculated one. 
The results in capillary 17 are not included in the 
averages.

Good agreement can be observed between the
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Length, mm.
Fig. 1.—Variation of capillary bore: cap. 1, • ; cap. 2 

■; cap. 5 ,0 ; cap. 7, a ; cap. 14, □; cap. 16, A ; cap. 17, 9 ; 
cap. 18, E-

results in different capillaries with the exception of 
capillary 17 which for yet unknown reasons always 
gave higher results, as compared with the others. 
There is also good agreement between the values 
obtained by evaporation and condensation proce­
dures, except for capillaries 7 and 16 at the mole 
fraction 0.00611. At this concentration the capil­
laries 7 and 16 gave values which were higher than 
the average, perhaps,, because being the largest 
capillaries they required a long time to reach 
equilibrium at this low concentration. These 
two capillaries were calibrated to 1.7 and 1.1 n, 
respectively, and therefore show no data for radii 
below these. It can be seen from the last column 
that the ratio r(obs.)/r(calcd.) increases from 2.9 
for the lower concentration to 5.4 for the highest 
concentration.

All measurements on isopropyl alcohol were 
carried out at 20°, except for the mole fraction
0.00342. For technical reasons, the latter had to 
be made at 25°. Table II contains the results 
obtained for ten different concentrations. Here 
also, good agreement exists between the values for 
the several capillaries. An exception is capillary 
17 which again gave higher values. At low con­
centrations the spread in the results for the dif­
ferent capillaries is rather great, although the 
agreement between capillaries on the same level 
in the capillary vessel is remarkably good. The 
ratio r(obs.)/r(calcd.) for all capillaries, except no. 
17, varies from 4.9 to 12.6.

Discussion
The results of these measurements show that the 

Kelvin equation cannot be applied in estimating 
vapor pressure lowering over concave surfaces in 
micros'copic capillaries. Nor can it be applied in 
estimating pore radii at given vapor pressures as 
it is done in adsorption analysis. The observed 
lowering is many times greater than the value

Radius, ii.
Fig. 2.—Relative vapor pressure lowering. Isopropyl 

alcohol: Kelvin 1, measurements O; toluene: Kelvin 2, 
measurements ■.

calculated with this equation. Moreover, the 
effect differs in magnitude with the nature of the 
liquid. The lowering for isopropyl alcohol was 
found to be much greater than for toluene, and 
the results for water reported in the preceding 
paper9 show that the effect for the latter is still 
greater. This effect seems to change with the 
polarity of the liquid, and increases with increas­
ing dipole moment of the molecule.

It is well known that many physical properties 
of capillary held liquids are different from those 
for the bulk liquid. To the literature references 
given in the preceding paper, describing these 
anomalies, can be added the observations on the 
freezing point of capillary condensates,10-12 the 
increase in the heat of vaporization,18 the rise in 
the critical temperature,14 and the increase in 
specific polarization.16 In so far as density16'17 
and surface tension18 are concerned, experimental 
data show values which are very near those of the 
bulk liquid. Theoretical considerations by 
Tolman19 and Hill20 require that the effect of 
curvature on surface tension be slight at the curva­
tures prevailing in these experiments, and become

(10) S. Brunauer, “ The Adsorption of Gases and Liquid,”  Princeton 
University Press, Princeton, N. J., 1945, p. 444.

(11) J. P. Jones and R. A. Gortner, T h i s  J o u r n a l , 36, 387 (1932).
(12) M. Shimizu and I. Higuti, ibid., 56, 198 (1952).
(13) L. F. Gleysteen and V. R . Deitz, J. Research Natl. Bur. Stand­

ards, 35, 283 (1935).
(14) W. A. Patrick, W. C. Preston, and A. E. Owens, T h is  J o u r n a l , 

29, 431 (1925).
(15) S. Kurosaki, ibid., 58, 320 (1954).
(16) E. O. Wiig and A. J. Juhola, J. Am. Chem. Soc., 71, 501 (1949).
(17) H. L. McDermot and W. G. M. Tuck, Can. J. Res., 23B, 292 

(1950).
(18) L. H. Cohan and G . L. Meyer, J. An. Chem. Soc., 62, 2715 

(1940).
(19) R. C. ToJman, J. Chem. Phys., 17, 338 (1949).
(20) T. L. Hill, J. Am. Chem. Soc. 72, 3923 (1950).
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appreciable for radii of about ten millimicrons or 
less. It is of interest to point out that the ob­
servation on the specific polarization of the con­
densed water vapor made by Kurosaki is in good 
agreement with the observations on the elastic 
properties of liquid water in microscopic capillaries 
made by Deryagin.21 In both instances, the 
capillary held water behaves as if it were in a solid­
like form, resembling ice. These physical proper­
ties do not all depend on the curvature of the 
meniscus, and their abnormal values point to 
appreciable changes in the state of aggregation of 
the substances.

No anomalies have been observed in connection 
with positive curvatures of these magnitudes. 
Shereshefsky and Steckler,4 and LaMer and Green6 
have shown that the Kelvin equation is valid for 
convex surfaces of droplets of various liquids 
ranging from 1.67 to a fraction of a micron in 
radius.

Furthermore, the effect observed in the present 
study is different in nature from that of Kelvin 
in several respects. Figure 2, in which is illus­
trated the behavior of the two liquids with respect 
to the theoretical and to each other, shows that 
the abnormal relative lowering of the vapor pres­
sure at large capillary radii is approximately the 
same for both, toluene and isbpropyl alcohol, while 
the Kelvin effect is widely different. As the capil­
lary radius decreases, the curves diverge, with the 
abnormal relative lowerings of the latter liquid 
becoming greater. The contrary behavior is ob­
served for the Kelvin curves; they tend to ap­
proach each other, and the difference between the 
relative lowerings tends to decrease with decreas­
ing capillary radius.

These considerations lead us to believe that the
(21) B. Doryagin, 7. Physik, 84, f>57 (1933).

abnormal vapor pressure lowering observed in 
this study and, perhaps, the other abnormal 
capillary properties, are induced by the capillary 
walls. Furthermore, the magnitude of the effect 
and the size of the capillaries in vdiich it is mani­
fested leads us to believe that the forces involved 
are effective over appreciable distances from the 
wall. Instances in which forces of long range were 
observed have been recently gathered and re­
viewed by Henniker,22 citing cases wdiere the forces 
were effective over several thousands Angstroms.

This explanation is also supported by the ob­
servation made in the present study that the mag­
nitude of the effect is proportional to the total 
molecular moments of the substances measured in 
the direction of the electric field. These moments 
were calculated to be approximately 30 D, for 
isopropyl alcohol, and 19 D, for toluene. The 
total moment for the water molecule is approxi­
mately the same as for isopropyl alcohol, while the 
effect is very much greater. The greater effect 
for water is, perhaps, due to the increased specific 
polarization observed by Kurosaki.16

Another factor supporting the explanation of 
the effect is the observation of the inverse relation 
between the effect and the capillary radius. As a 
wall effect, its magnitude should be proportional 
to the extent of surface exposed to unit volume of 
liquid. The ratio of lateral surface to volume in a 
right cone is given by 3(r2/h2 +  1 )/r, wdrere r is the 
radius of the base and h is the height of the cone. 
The capillaries used in the present study approxi­
mated right cones in which A/h2 was negligible 
with respect to unity, and in which the lateral area 
per unit volume was equal to 3/r. The relative 
lowering of the vapor pressure was found to vary 
directly with this ratio.

(22) J. L. Henniker, Rev. Mod. Phys., 21, 322 (1949).

THE INFRARED ABSORPTION SPECTRA OF SOME ANTIBIOTICS IN 
ANTIMONY TRICHLORIDE SOLUTION1

B y  J. R. L a c h e r , J. L. B i t n e r  a n d  J. D. P a r k  

University of Colorado, Boulder, Colorado
Received January 19, 1965

It has been found that liquid antimony trichloride is an infrared transmitting solvent for several antibiotics and their 
hydrochlorides. The spectra of aureomycin, terramvein, tetracycline, aureomycin HC1 and terramvein-HC1 are shown for 
the LiF and NaCl regions. Terramvein and its hydrochloride show new' intense bands not given by the other antibiotics. 
They are probably due to a strongly hydrogen bonded hydroxyl groups.

Recently, much tvork has been done on the anti­
biotics, aureomycin, terramycin, tetracycline and 
their hydrochlorides and hydrates concerning their 
physiological, physical and chemical properties.2-11

(1) This research was supported in part by the Atomic Energy 
Commission, Contract No. AT(29)-787, Program A.

(2) B. M. Duggar, Ann. N. Y. Acad. Sci., 81, 177 (1948).
(3) R. W. Broschard, A. C. Dornbush, S. Gordon, B. L. Hutchings, 

A. R. Kohler, G. Krupka, S. Kushner, D. V. Lefemine and C. Pidacks, 
Science, 109, 199 (1949).

(4) P. P. Regna, L. A. Solomons, K. Murai, A. E. Timreck, K. .1. 
Brunings and W. A. Lazier, J. Am. Chem. Soc., 73, 4211 (1951).

(5) J. IF. Boothe, .1. Morton, II, ,T. P. Petisi, R. G. Wilkinson and 
.1. il. Williams, ibid., 75, 1021 (1953).

In conjunction with this work several infrared
(0) L. H. Conover, W. T. Moreland, A. R. English, G .  R. Stephens 

and F. J. Pilgrim, ibid., 75, 4022 (1953).
(7) F. A. Hochstein, C. R. Stephens, L. H. Conover, P. P. Regna, 

R. Pasternack, P. N. Gordon, F. J. Pilgrim, K. J. Brunings and R. B. 
Woodward, ibid., 75, 5455 (1953).

(8) C. R. Stephens, L. H. Conover, R. Pasternack, F. A. Hochstein, 
W. T. Moreland, P. P. Regna, F. J. Pilgrim, K. J. Brunings and 
R. B. Woodward, ibid., 7 5 , 5455 (1953).

(9) J. Robertson, L. Robertson, P. F. Eiland and R. Pepinsky, 
ibid.. 74, 841 (1952).

(10) J. D. Dunitz and J. II. Robertson, ibid., 74, 1108 (1952).
(11) R. Pasternack, P. P. Regna, R. L. Wagner, A. Bavley, V. A. 

Höchstem, P. N. Gordon and K. .1. Brunings, ibid., 73, 2400 (1951).
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spectra of these compounds and their degradation 
products were run in a nujol paste.4'7 The spectra, 
in many cases, were of such a nature that few, if 
any, specific assignments could be made from them. 
Previously, the infrared spectra of several py­
rimidines and amino acids were run in this Labora­
tory with antimony trichloride as the solvent.12'13 
The effect of the solvent on the position of the 
fundamental stretching frequencies of the O-H, 
N -H  and C-H groups was determined in con­
junction with this work. Acetamide, benzoic acid 
and phenol were used as the reference compounds, 
since the positions of these bands are well known for 
them. It was found that little or no shifting of 
the above bands occurred. Preliminary work 
indicated that antimony trichloride was also a 
suitable solvent for several antibiotics which have 
naphthalene as the basic ring structure. The 
present paper describes the results obtained using 
antimony trichloride solutions of aureomycin, 
terramycin, tetracycline, aureomycin-HC1 and ter- 
ramycin-HCl.

Experimental Details
A Perkin-Elmer model 12B spectrometer with two 

monochromators was used. One monochromator was fitted 
with a LiF prism and covered the spectral region from 1 to 
5 ti. The other was fitted with a NaCl prism and extended

T a b l e  I
O b se r v e d  F r e q u e n c ie s  an d  A ssig n m en ts  1 t o  5 y.

' Wave length-
Aureo- Terra-

Aureo- T erra- Tetra- mycin. mycin.
mycin mycin cycline HC1 HC1 Assignment

1.42 1.44
1.52
1.91 1.92 1.96 1.91 2v C = 0

2.24 2.24 2.24 2.22 2.23
2.26

2.35 2.34
2.48 2.48 2.4.8 2.47

2.59
2.63 2.65 2.63

2.75 2.75 2.75 2.76 2.75 lv  OH alco-
liolic

2.82 2.82 2.81 2.82 2.81 lr OH
2.91 2.91 2.91 2.91 I p N-H of

NH2 asym.
2.96 2.96

3.03 3.02 3.03 3.03 I p N-H of
NH2 sym.

3.10 3.09
3.17 3.17

3.29 3.21 3.27 3.27 3.23 lv  C-H aro-
matic

3.29 3.31
3.37 3.39 3.30 \v C-H ali-

phatic
3.42

3.54 3.52
3.58 3.63 3.61

4.28 4.28
4.30 4.30

(12) .7. R. Laclter, V. D. Oroy, A. Ki an pour am1 J. D. Park, Tins
f OFRNTAL, 5 8 , 20fi fl9/>4).

(14) . 1 . R. I.richer , I). E. Campion and J. I), Park , Science, 11 0 , 300
I 104!) I.

T a b l e  II

O bse r v e d  F r e q u e n c ie s  and  A ssig n m en ts  2 t o  12.5 y

Aureo­
mycin

Terra­
mycin

-Wave length
Tetra­
cycline

Aureo­
mycin.
HC1

Terra­
mycin.

HC1 Assignment
2.78 2.77 2.78 2.78 2.78 1 v OH alco-

holic
2.83 2.85 2.84 2.84 2.85 I p OH
2.91 2.94 2.93 2.94

3.00
3.04

3. 13
3.05 3.07

3.29 3.24 3.31 3.30 3,24
3.24

3.40
3.45 3.44 3.44
3.60 3.59 3.65

4.28 4.29

0.02 6.00 6.01 6.02
5.71 1 
5.96 J ip  C = 0

6.17 6.16 6.16
6.28 6.28 6.28 6.28 6.28 18 NH2
6.47 6.47 6.47 6.47
6.66 6.63 6.65 6.66 6.62
6.89 6.86 6.89 6.95 6.89 IS C-H

bending
7.06 of CHS

7.19 7.19 7.18
7.28 7.28 7.28 7.30 lv C—Is
7.55 7.50 7.53 7.59 7.56
7.92 8.05 7.97 7.82
8.12 8.20 8.09 8.12 8.05 IS C-H out

of plane
8.46 8.48 8.47 8.50
8.54
8.80 8.93 8.84 8.86 8.82

9.03
9.27 9.30 9.29 9.29
9.50 9.54 9.55 OH deform.

alcohols
9.72 9.72 9.81 9.67

10.01 9.97 9.96 10.01
10.20 10.13 10.20 10.21 10.23

10.25
10.54 10.42
10.73 10.78 10.75 10.73 10.59
10.87 10.97 10.88 10.73
11.10 11 .11 11.02 10.97
11.29

11.40
11.16 11.08

11.36
11.56 11.60 11.59 11.77 11.70
12.21 12.12 12.20 12.12
12.41 12.44

12.30
12.21

the region to approximately 12.5 y .  The antimony tri­
chloride was purified by the method previously described.12

A “ Teflon”  cell with silver chloride windows was used for 
both the LiF and NaCl regions. The body of the cell is 
made of “ Teflon”  and is one cm. long with an inside diam­
eter of 2.0 cm. The walls are made rather thick to prevent 
buckling. A neck of monel metal, fitted with a ‘Teflon” 
stopper, is fastened to the body of the cell in order to expedite 
its filling and emptying. The stopper is necessary to exclude 
moisture from the filled cell. “ Teflon”  gaskets were used to 
ensure a tight seal and to prevent contact between the 
metal cell clamps and the silver chloride windows. The 
windows are reduced to free silver if they are allowed to 
remain in coni tet with the steel clamps. Since antimony
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Wave length in microns.
Pig. 1.—Infrared spectra of aurcomyoin, terramycin, tetracycline, terramycin-IICl, and aureomycin-HCl in molten anti­

mony trichloride; 1.0 cm. cell with silver chloride windows; indicated molar concentrations; temperature 90°; Perkin- 
Llmer single beam.

trichloride melts at 73.4°, it. is necessary to heat, the cell. 
A separate heating unit, which was also used as the cell 
holder, was used to maintain the cell at approximately 
9 0 ° .

The aureomycin, terramycin and tetracycline were dried 
for at least 24 hours in a vacuum drying pistol which em­
ployed water as the refluxing fluid. The hydrochlorides of 
terramycin and aureomycin were dried for 8 hours at approxi­
mately 90° in an atmosphere of dry hydrogen chloride. 
The spectra of the hydrochlorides were observed both before 
and after being dried. There was no noticeable change.

Results
The spectra of the compounds under considera­

tion were obtained in the 1.0 to 5.0 p region using a

LiF prism and are shown in Fig. 1. The region 
between 2.0 and 12.0 p was studied using a NaCl 
prism and the results shown in Fig. 2. Tables I 
and II give the wave length of the bands along with 
a few possible assignments.

The structure and composition of these anti­
biotics are very similar. They vary only at the 
two positions indicated by Ri and R 2 in the struc­
tural formula given below. The structural formu­
las of the individual antibiotics may be obtained 
by replacing the R ’s with the atoms indicated below. 
The numbering system followed is that suggested 
by P. P. Régna and associates.7
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Fig. 2.—Infrared spectra of aureomycin, terramycin, tetracycline, aureomvcin-HCl, and terramycin; HC1 in molten 
antimony trichloride; 1.0 cm. cell with silver chloride windows; indicated molar concentrations; temperature 90°: Perkin- 
Elmer single beam.

RiCH3OHR2 N(CH3), 
\ / e  Js J4

^  ^  " oil8 ' 6a 5a 4a
OH

V 11a
' V

< 1 ^ .

I 10 I I 11
0

¡12 I I 1
OOH OH

-CONH2

Ri R2

aureomycin Cl H
terramycin H OH
tetracycline H H

A peak at 2.75 and 2.81 n, present in all the com­
pounds studied, has been attributed to O-H bonds. 
The position of the bands arising from the funda­
mental stretching frequencies of the various types 
of O-H groups has been frequently discussed.14-22

(14) Y. D. Croy, Master’s Thesis, University of Colorado, 1951.
(15) M. Hunsberger, J. Am. Chem. She., 72, 5626 (1950).
(16) R. E. Richards and H. W. Thompson, J. Chem. Soc., 1248 

(1947).
(17) J. J. Fox and A. E. Martin, Trans. Faraday Soc., 36, 897 

(1940).
(18) L. Kellner, Proc. Roy. Soc. {London), A157, 110 (1936).
(19) R. E. Richards and H. W. Thompson, J. Chem. Soc., 1260 

(1947).
(20) A. M. Buswell, V. Deitz and W. H. Rodebush, J. Chem. 

Phys., 5, 501 (1937).

The band at 2.75 u- may be assigned to the alcoholic
O-H groups, such as at position 12a, which are 
present in these compounds. The second peak, 
at 2.81 ju, may be due to an O-H group involved in 
hydrogen bonding, or, to a tautomeric enol system

—C—C =C — — C = C —C—
Il I ! II
O OH O - H+O

involving the groups at positions 10, 11 and 12. 
Hydrogen bonding, as determined by Fisher- 
Hirschfelder models, can occur between the carbonyl 
at position 1, the hydroxyl group at position 12 
and/or the amide at position 2. The hydroxyl 
group at position 3 can form hydrogen bonds with 
the amide at position 2 and/or the dimethylamine 
group at position 4. In addition, the carbonyl 
group at position 11 is able to form hydrogen bonds 
with the hydroxyl groups at positions 10 and 12.

(21) J. J. Fox and A. E. Martin, Proc. Roy. Soc. {London), A162, 
419 (1937).

(22) R. B. Barnes, L. G. Bonner and E. U. Condon, J. Chem. Phys., 
4, 722 (1936).
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The structure of these compounds is conducive to 
the formation of both systems.23 P. P. Regna 
and associates report the presence of three pKa 
values for aureomycin-HCl and terramycin-HCl 
of approximately 3.5, 7.6 and 9.2. On the basis 
of ultraviolet studies they attribute the pK& value,
3.5, to the HC1, one to the portion of the structure 
involving positions 1, 2 and 3, and the last remain­
ing one to the system including positions 10, 10a, 
11, 11a and 12. From these pAa values it appears 
that the tautomeric enol system competes strongly 
with several of the possible chelate ring systems 
in these antibiotics. If this is true, it is quite 
possible that the peak arising at 2.81 n is due to the 
tautomeric enol system. It could then be assumed 
that the bands arising from hydrogen bonding 
occur in the 3 to 3.5 ¡j. region, which would account 
for the high amount of absorption in this region.

With the exception of terramycin-HCl, all the 
compounds contain an intense peak at 2.91 tu and 
a second smaller peak at 3.03 ¿u. These two bands 
have been assigned to the asymmetrical and sym­
metrical fundamental stretching frequencies of the 
NH2 group. Similar assignments have been made 
for a number of compounds containing the above 
group.1424-27 The position of the C II funda­
mental stretching frequency bands, for both the 
aromatic and aliphatic C-H  groups, has been 
studied by many workers.14-18'28-31 The aromatic 
C-H group band falls in the 3.2-3.3 n region and 
that of the methyl group in the 3.4-3.6 n region. 
The spectra of the compounds under consideration 
show bands in the above regions which may be 
ascribed to the C-H groups present.

Terramycin and its hydrochloride show several 
bands which are not present in the other anti­
biotics. These occur at 2.96, 3.10, 4.28 and 4.30 /x. 
These apparently arise because of the presence of a 
hydroxyl group in the 5-position. This hydroxyl 
group is in close proximity to the hydroxyl group 
at position 6 and the dimethylamine group at 
position 4. Thus, there is a good possibility of 
intramolecular hydrogen bonding occurring be­
tween the above groups. Although the bands at 
2.96 and 3.10 /x occur in the region associated with 
the hydrogen bonded hydroxyl groups found in 
many compounds, the bands at 4.28 and 4.30 /x 
occur in a region associated with only a few 
strongly hydrogen bonded hydroxyl groups. 
Rundle and Parasol32 and Lord and Merrifield33 
have studied the O-H stretching frequencies

(23) N. V. Sidgwiek, “ The Electronic Theory of Valency," Oxford 
Univeisity Press, London, 1927.

(24) D. J. Emery, Master’s Thesis, University of Colorado, 1952.
(25) H. M. Randall, et al., “ Infrared Determination of Organic 

Structures," D. Van Nostrand Co., Boston, Mass., 1949.
(26) L .  N. Short- and H. W. Thompson, J. Chem. Soc., 168 (1952).
(27) I. A. Brownlie, ibid., 3063 (1950).
(28) J. J. Fox and A. E. Martin, ibid., 318 (1939).
(29) R. B. Barnes, et al., “ Infrared Spectroscopy," Reinhold Publ. 

Corp., New York, N. Y., 1944.
(30) A. M. Buswell, W .  H, Rodebush and M. F. Roy, J. Am. Chem. 

Soc., 60, 2444 (1938).
(31) F. T. Wall and G. W. McMillan, ibid., 62, 2225 (1940).
(32) R. E. Rundle and Matthew Parasol, J. Chem. Phys., 2 0 , 1487 

(1952).
(33) R. C. Lord and R. E. Merrifield, ibid., 21 , 166 (1953).
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present in crystalline compounds. Since the
O-H • • ■ 0  distances are known, they could em­
pirically correlate the frequency with this bond 
distance. Using our band at 4.28 and 4.30 /x, 
their curves0 give an O-H • • ■ O bond distance of 
about 2.55 A. The sharpness of the band would 
suggest that the hydrogen is more or less symmetri­
cally held between the two oxygens. This band 
could also be attributed to a C = N  group formed 
from dehydration of the amide group by the solvent. 
In this connection it might be noted that the 
hydrochloride of terramycin does not have the 
peaks, 2.91 and 3.03 /x, assigned to the N -H  funda­
mental stretching vibrations of the amide group. 
Unfortunately, terramycin itself, which also gives 
rise to the peaks at 4.28 and 4.30 /x, has the above 
two bands which are missing in its hydrochloride. 
This would, of course, tend to rule out this explana­
tion. A third possibility to be considered is that 
the solvent interacts with the terramycin and its 
hydrochloride. P. P. Regna and associates4 report 
that terramycin forms a complex with CaCR and 
heavy metal salts. The majority of their experi­
ments were carried out in aqueous solution. An 
increase in the solubility of the base was noticed 
in aqueous and alcoholic solutions with the addition 
of CaCR. A pKg, shift of almost 2 pK  units to the 
acid side occurs when an alkaline earth or heavy 
metal salt is present in aqueous solution.

The spectra of the various antibiotics are very 
similar in the region from approximately 5.7 to
7.5 u. with the greatest variation being shown by 
terramycin-HCl. The complexity of the spectra 
reduces the certainty of the assignments made in 
this region; thus it has only been possible to propose 
several tentative ones. A strong band occurring 
in the spectra of aureomycin, terramycin, tetra­
cycline and aureomycin-HCl at about 6.0 w has 
been assigned to the carbonyl groups present. 
The spectrum of terramycin-HCl has a band at 
5.71 n and a shoulder at 5.96 /x; both can be attrib­
uted to carbonyl groups. This would indicate 
that terramycin-HCl, unlike the other antibiotics, 
has at least one free carbonyl group present when 
dissolved in molten antimony trichloride. This is a 
rather common assignment for bands occurring in 
this region.24-26-34-36 The band arising at about
6.9 fi in all the compounds under consideration has 
been assigned to a C-H bending vibration of the 
methyl groups. I. A. Brownlie27 and others12'25-37 
have made the same assignment for this band in a 
wide variety of compounds. It is possible that the 
bands falling at about 6.2 and 6.6 /x are due to ring 
vibrations of the phenyl group, and the band at
6.28 /x to a bending vibration of the NH2 group. 
The spectra of aureomycin and aureomycin-HCl 
which contains a Cl, position 7, on the phenyl 
group, do not contain the band at 6.2 ¡x.

(34) M. L. Josien and N. Fuson, J. Am. Chem. Soc., 7 3 , 478 (1951).
(35) L. Marion, D. A. Ramsay and R. N. Jones, ibid., 7 3 , 305 

(1951).
(36) G. G. Olson, Ph.D, Thesis, University of Colorado, 1951.
(37) G. Herzberg, “ Molecular Spectra and Molecular Structures, 

II. Infrared and Raman Spectra of Polyatomic Molecules," D. Van 
Nostrand Co., New York, N. Y., 1945.
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It was previously found that liquid antimony trichloride is a suitable infrared transmitting solvent for several pyrimidines, 
purines and amino acids. The present work extends the number of pyrimidines and purines studied by this method. The 
spectra of 24 pyrimidines and purines were studied in the NaCl region. Nineteen of the above purines and pyrimidines 
were also studied in the LiF region.

The present investigation is a continuation of have been made of these compounds.4 5 6 7 8 9~10 In

Wave Length, in Microns.

Fig. 1.—Infrared spectra of cytosine, hypoxanthine, xanthine and uric acid in molten antimony trichloride. All spectra
in a 5.4 cm. cell with silver chloride windows.

the work which began several years ago in this 
Laboratory.2'3 Many infrared spectral studies

(1) This research was supported in part by the Atomic Energy 
Commission, Contract No. AT(29)-787, Program A.

(2) J. R. Lacher, D. E. Campion and J. D. Park, Science, 1 1 0 , 300 
(1949).

(3) J. R. Lacher, V. D. Croy, A. Kianpour and J. D. Park, T his 
Journal, 5 8 , 206 (1954).

(4) E. R. Blout and R. C. Mellors, Science, 11 0 , 137 (1949).
(5) E. R. Blout and M. Fields, J . Am. Chem. Soc., 72, 479 (1950).
(6) E. R. Blout and M. Fields, Science, 1 0 7 , 252 (1949).
(7) E. R. Blout and M. Fields, J. Biol. Chem., 1 78 , 335 (1949).
(8) J. A. Brownlie, J. Chem. Soc., 3062 (1950).
(9) M. M. Stimson and M. J. O’Donnell, J. Am. Chem. Soc., 74 

1805 (1952).
(10) L.  N. Short and H. W. Thompson, J. Chem. Soc., 168 (1952).
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general, this work has been hampered by the lack 
of a suitable solvent, since a majority of the com­
pounds are insoluble in the solvents usually con­
sidered applicable to infrared investigations. Thus 
the investigations have, on the whole, been re­
stricted to the study of these compounds in the 
solid state, using nujol paste or perfluorinated 
kerosene and as solid solutions using KBr as the 
second component. Previously, it has been shown 
that antimony trichloride is a satisfactory solvent 
for a number of difficulty soluble substances.2'3 
The present work has extended the number of 
pyrimidines studies in the infrared region using 
this solvent.

Results

The spectra of 24 purines and pyrimidines have 
been observed in the NaCl region and are shown 
in Figs. 1, 2, 3, 4, 5 and 6. These are cytosine, 
uracil, thymine, 6-methyluracil, dihydrothymine,
5- chlorouracil, 6-ethoxyuracil, 6-ethoxy-l-methyl- 
uracil, barbituric acid, adenine, hypoxanthine, 
guanine, xanthine, uric acid, thioadenine. thio- 
cytosine, 2-thiouracil, thiobarbituric acid, 4-amino- 
2-thiouracil, thiothymine, 6-methyl-2 thiouracil,
6- propyl-2-thiouracil, orotic acid and the potassium 
salt of orotic acid. In addition, all of the above 
compounds with the exception of thioadenine, thio­
barbituric acid, 4-amino-2-thiouracil, 6-propyl-2-

3 . 0  4 .0  5 .0  6 .0  7 .0  8 .0  9 .0  10.0 11.0

Wave Length, in Microns.

Fig- 2. Infrared spectra of uracil, thymine, guanine and adenine in molten antimony trichloride. All spectra in 5.4 cm-
cell with silver chloride windows.

The experimental procedures involved in these thiouracil and the potassium salt of orotic acid were 
studies have been described previously.3 also studied in the LiF region. Their spectra are
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shown in Figs. 7, 8, 9, 10 and 11. Tables I and II 
give the position of peaks which have been assigned 
in the LiF and NaCl region, respectively.

The LiF region contains the fundamental 
stretching frequencies of the C-H, O-H, N-H,
S-H, etc., groups. These produce, perhaps, the

Wave length in microns.
Fig. 3.—Infrared spectra of 6-ethoxvuracil, 6-ethoxy-l-methyluracil and dihydrothymine in molten antimony trichloride.

All spectra in 5.4 cm. cell with silver chloride windows.
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L iF  R egion

oIIo&CO

and/or lv 28
2v 2v 3r C = C  (2) asym. lv \v \v C-H

N-H C-H and/or N-H N-H C-H C -H out of
of NH aromatic 3* C = N  (3) of NH2 of N-H aromatic aliphatic plane

Cytosine 1.53 1.66 2.91 2.99 3.24 4.09
Uracil 1.52 1.65 1.99 2.98 3.21
Thymine 1.51 1.67 2.00 2.98 3.24 3.43

3.47
3.52

6-Methyluracil 1.47 3.00 3.50 4.15
Dihydrothymine 1.56 1.99 2.98 3.36 4.15

3.42
3.45

5-Chlorouracil 1.53 1.65 1.99 2.99 3.24 4.23
6-Ethoxyuraeil 1.95 3.02 3.20 3.36 4.15
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2r 2i>

3» C = 0  (l) 
and/or 

3*. C = C  (2)
\v

a sy m . 1« Yu H
2 8

C - H
N -H C -H and/or N -H N -H C -H C -H out of

of NH aromatic 3r C = N  (3) of NH. of N -H aromatic aliphatic plane

6 -E t h o x y - l -m e t h y l -
u racil 2 .0 3 3 .0 3 3 .2 1 4 .1 9

B a rb itu r ic  a c id 1 .5 4 1 .9 8 3 .0 0 4 .1 1

A d e n in e 1 .5 2 1 .6 4 2 .0 0 2 .8 8 3 .0 0 3 .2 5

H y p o x a n th in e 1 .5 3 1 .6 3 2 .0 3 3 .0 3 3 .1 7 4 .1 0

G u a n in e 1 .5 2 1 .5 9 2 .0 1 2 .8 9 2 .9 8 3 .1 9

X a n th in e 1 .5 3 1 .6 4 2 .0 0 3 .0 3 3 .1 9

U r ic  a c id 1 .5 2 1 .9 9 2 .9 8

T h io c y to s in e 1 .5 0 1 .6 5 2 .8 7 2 .9 7 3 .2 1 4 .1 1

T h io u ra e il 3 .0 3 3 .2 1 4 .1 5

T h io th y m in e 3 .0 3 3 .2 3 3 .4 0 4 .1 7

6 -M e t h y l-2 -t h io - 3 .0 3 3 .2 1
4 .4 3
3 .4 1

u racil 
O ro tic  a cid 2 .9 8 3 .2 0

3 .4 5
4 .0 9

2.0 3.0 4.0 5.0 6.0 7.0 8.0 9.0 10.0 11.0 12.0
Wave length in microns.

Fig. 4.—Infrared spectra of 5-chlorouracil, barbituric acid and 6-methyluracil in molten antimony trichloride. All spectra
in a 5.4 cm. cell with silver chloride windows.
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Wavelength in microns.
Fig. 5.—Infrared spectra of thioadenine, thiocvtosine, 4-amino-2-thiouraeil, 2-thiouracil and 2-thiobarbituric acid in molten 

antimony trichloride. All spectra in 5.5 cm. cell with silver chloride windows.

T a b l e  II 
NaCl R eg io n

I p
N -H

asym .
1 V

N -H

I p
syni.
N -H

I p
C -H
aro­

I p
C -H
ali-_ \v I p

1«
N -H  

of N -H
Tliio-
ureide

C -H
of \v

15
C -H  

ou t of
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Cytosine 3.07 5.76 6 . 0 1 6.48 7.25 8.26
Uracil 3.05 5.98 7.30 8.31

Thymine 2.92 3.33
6.08
5.97 6.77 7.36 8.38

6-Methyluracil 3.08
6.08
6.18 8.23

Dihydrothymine 2.92 3.47 5.97 6.76 7.33 8.23
5-Chlorouracil 3.08 6 . 0 0 7.33 8.33
6-Ethoxyuracil 3.08 3.44 5.79 6.23 8. 14
6-Ethoxy-l-methyluracil 3.08 3.50 5.82 6.23 8.14
Barbituric acid 3.08 5.90 8. 18
Adenine 3.09 5.97 6.23 8.16
Hypoxanthine 3.11 5.88 6.37 7.35 8.19
Guanine 3.09 5.91 6.18 8.23
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Uric acid 2.92
Thioadenine 2.90 3.02 3.02 3.22
Thiocytosine 2.92 3.04 3.04 3.28
2-Thiouraeil 3.04 3.24
2-Thiobarbituric acid 3.04
4-Amino-2-th iouraoi 1 2.90 3.00 3.05 3.24
Thiothymine 3.04 3.24
6-Methyl-2-thiouracil 3.0G 3.23
G-Propyl-2-thiouracil 3.05 3.23

Orotic acid 3.03 3.24
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C - H

15
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a l i ­ l x 1»» o f  N - H u re id e o f lx o u t  o f
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5 . 8 5 6 . 3 7 7 . 3 3 8 . 1 5

6 . 0 3 7 . 4 0

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

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

6 . 3 5 8 . 3 3

5 . 8 7 6 . 1 4

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

3 . 4 4 6 . 4 4 6.86 8 . 3 5

3 . 4 4 6 . 4 1 6 . 8 3 8 . 4 8

3 . 3 9

3 . 4 3

3 . 5 0

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

5 . 8 8

6 . 0 5

7 . 3 0 8 . 1 6

5 . 8 9

6.02
7 . 3 3 8 . 1 3

Wave length in microns.
Fig. C.—-Infrared spectra of thiothymine, 6-methyl-2-thiouracil, 6-propyl-2-thiouracil, orotic acid and potassium salt of 

orotic acid in molten antimony trichloride. All spectra in 5.5 cm. cell with silver chloride windows.
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most stable bands found in the infrared region. 
All the compounds under consideration contain 
several of the above groups; for this reason, this 
region can be very helpful in obtaining information 
pertaining to the structure of the purines and

Short and Thompson10 as well as Brownlie8 have 
made similar assignments in their work on a num­
ber of substituted pyrimidines. In addition to the 
above workers, several other investigators have also 
attributed the peaks falling at these positions to

0  -------------------------I_____________I_____________ I__________ 1__I___ L________ 1_____________ I___ _________ I_____________ I_____________

1.0 1.5 2 .0  2 5  3 .0  3 .5  4 .0  4 .5  5 .0  5 .5

Wave Length, in Microns.

Fig. 8.—Infrared spectra of cytosine, hypoxanthine, xanthine and uric acid in molten antimony chloride. All spectra in
5.4 cm. cell with silver chloride windows.

pyrimidines. A peak or shoulder at approximately
2.9 ¡i and in several cases a second peak or shoulder 
at approximately 3.03 ¡x was observed in the com­
pounds containing an amino group. The peak at
2.9 /r has been assigned to the asymmetrical funda­
mental stretching frequency of the NH2 group and 
the shoulder at 3.03 ¡x to the symmetrical funda­
mental stretching frequency of the same group.

the NH2 groupA10- 12 Each compound studied, 
including those observed in the NaCl region only, 
show a strong peak in their spectra at about 3.0 ¡x. 
This peak has been assigned to the N -H  funda­
mental stretching frequency of the ring imide

(11) V. D . C roy , M a ster ’s Thesis, U niversity  of C olorado, Id o l .
(12) H . M . R andall, el nl., “ In frared D eterm ination  o f O rganic 

Structures,”  Id, Van Most rand C o., N ew Y ork , N. Y ., lil-H).
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Wave length in microns.
Fig. 9.—Infrared spectra of G-ethoxyuracil, 6-ethoxy-l-methyl uracil and cihydrothymine in molten antimony trichloride.

All spectra in 5.4 cm. cell with silver chloride windows.

group. It may also include the first overtone of 
several of the bands arising in the double bond 
region. This would account for the broadening of 
the band on the long wave length side. In sup­
port of this, it may be noted that cytosine, thio- 
cytosine and to a lesser extent some of the other 
compounds, show several distinct shoulders on the 
upper wave length side of this band. This band 
falls in a region attributed to both normal and 
hydrogen bonded imide and amide groups.6'8'13“ 19 
No shifting of the N -H  band occurs with an in­
crease in concentration. This would indicate that 
little or no intermolecular hydrogen bonding takes 
place, since this type of hydrogen bonding is de­
pendent on concentration. The position of the 
bands attributable to the aromatic and aliphatic

(13) R. E. Richards and H. W. Thompson, J. Chem. Soc., 1248 
(1947).

(14) A. M. Buswell, W. H. Rodebush and M. F. Roy, J. Am. Chem. 
Soc., 60, 2444 (1938).

(15) S. Mizushima, T. Shimanouti, S. Nagakura, K. Kuratani, M. 
Tsuboi, H. Baba and O. Fuzioka, ibid., 72, 3490 (1950).

(16) C. S. Marvel and C. H. Young, ibid., 73, 1066 (1951).
(17) E. E. Magat, ibid., 73, 1367 (1951).
(18) S. Mizushima, T. Shimanouti, et al., ibid., 73, 1330 (1951).
(19) II. W. Thompson, J. Chem. Soc., 328 (1948).

C-H groups has been well established.11'1420“ 23 
They fall in the 3.2-3.3 ¡x and 3.4-3.6 ¡i regions, 
respectively. The locations of these bands in the 
various compounds are given in Tables I and II. 
The presence of little or no absorption in the 2.70-
2.85 n region implies that these compounds exist in 
the keto form when dissolved in antimony tri­
chloride. In the case of the thiouracils, there is 
little evidence of the presence of an S-H group 
vibration in the region generally ascribed to it. 
In general, the spectra of the thiopyrimidines and 
thiopurines are similar to those of their oxygen 
analogs in the LiF region, with the addition, of 
course, of overtones due to bands arising from the 
presence of the sulfur atom in the compounds.

The most obvious difference between the spectra 
of the pyrimidines and thiopyrimidines occurs in 
the double bond region. A number of intense 
bands, absent in the pyrimidines, appear in the

(20) J. J. Fox and A. E. Martin, ibid., 318 (1939).
(21) R. B. Barnes, R. C. Gore, U. Liddell and V. Williams, “ Infra­

red Spectroscopy,”  Reinliold Publ. Corp., New York, N. Y., 1944.
(22) L. Kellner, Proc. Ron. Soc. (London), A157, 110 (1936).
(23) F. T. Wall and G .  W. McMillan, J .  Am. Chen. S e e . ,  62, 2225 

(1940).
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1.5 2.0 2.5 3.0 3.5 4.0 4.5 5.0 5.5
Wave length in microns.

Fig. 10.—Infrared spectra of 5-chlorouracil, barbituric acid and 6-methvluracil in molten antimony trichloride. All spectra
in 5.4 cm. cell with silver chloride windows.

spectra of the thiopyrimidines. Randall, et al,,15 
attributes these bands to the presence of a thio- 
ureide ion in these molecules. One of these new 
bands is believed to be due to a C-N  group which 
has obtained some double bond character from 
the positive charge acquired by the carbon in the 
formation of the thioureide ion. From considera­
tions of several saturated ring compounds, such as 
thiobarbituric acid, which give rise to only one or 
two new bands, it appears that the band due to the 
above group falls in the 6.2-6.4 r  region. The 
spectra of all the compounds show one or more 
peaks in the 5.7-6.1 r  region. In general, these 
peaks have been assigned to carbonyl groups. 
Two peaks are observed in this region for uracil, 
thymine, orotic acid and the potassium salt of 
orotic acid. Randall, et al,,12 attribute the first 
peak at about 5.9 r  to a carbonyl group in the 4- 
position and the second peak, about 6.0 r  region, 
to a 2-positional carbonyl group. Several of the 
thiopyrimidines give rise to a shoulder of medium 
intensity rather than to a distinct peak, but it 
might be noted that this shoulder is not found in 
the thiopyrimidines which do not contain a car­
bonyl group.

The peak occurring in cytosine, thiocytosine, 
adenine and thioadenine at about 6 .0  r  has been 
assigned to C = N 24 group stretching vibrations on 
the basis of the following observations. There are

(24) H. M. Randall, R. G. Fowler, N. Fuscn, and J. R. Dangl, 
“ Infrared Determination of Organic Structures," D. Van Nostrand 
Co., New York, N. Y., 1949.

two ways of assigning the peaks that arise at 5.97 
and 6.23 r  in adenine. Number I would be to 
assign the peak at 5.97 r  to a stretching vibration 
of the C = C  group and the peak at 6.23 r  to the 
stretching vibration of the C = N  group. Number 
II would require the assigning of the peak at
5.97 r  to the stretching frequency of the C = N  
and C = C  groups and the peak at 6.23 r  to the 
bending vibration of the N -H  group. The second 
possibility has been given preference over the 
first, since the C = C  stretching motion changes the 
resultant dipole by relatively small amounts, thus 
giving rise to a rather weak peak. This does not 
follow the experimental results, as can be seen from 
Fig. 2. Also the C = N  stretching vibration should 
give a stronger band and, with the three present 
in the adenine molecule, it should be very intense. 
Both of the above observations support the assign­
ment given in II and tend to disprove I. It might 
also be noted that the relative intensities of these 
two peaks in thioadenine, Fig. 5, which has fewer 
C = N  groups serves to substantiate the assignment 
given in II.

A number of the compounds under consideration 
contain methylene and/or methyl groups. The 
bending frequencies of these groups fall in the
6 .8  r  region.8'3'12.25 Thus the bands occurring 
there have been given this assignment whenever 
it was plausible to do so. The band due to the

(25) G. Herzberg, "Molecular Spectra and Molecular Structures, 
II. Infrared and Raman Spectra of Polyatomic Molecules,”  D. Van 
Nostrand Co., New York, N. Y.. 1945.



July, 1955 Spectra  of Substituted  P urines  in  A ntim ony T richloride  Solution 625

Wave length in microns.
Fig. 11.—Infrared spectra of thiocytosine, 2-thiouracil, thiothymine, 6-methyl-2-thiouracil and orotic acid in molten anti­

mony trichloride. All spectra in 1.0 cm. cell with silver chloride windows.

C-N  stretching frequency should be fairly strong 
in the pyrimidines and purines and weak, on the 
assumption that the thioureide structure is present, 
in the thiopyrimidines and thiopurines. Based on 
the above observations, the peak arising about
7.3 ¡x has been given this assignment. The specific 
assignments for the individual compounds are, 
of course, given in Table II.

A peak appearing in the region from 8.14 /x to 
8.48 n for the pyrimidines and thiopyrimidines

and from 8.14 u to 8.23 ¡j. in the purines and thio­
purines has been assigned to the C-H bending out 
of plane frequency on the basis of the agreement of 
the number of C-H  groups in the molecule to the 
intensity of the peak. Only uric acid, Fig. 1, failed 
to show this peak. Other investigators8'13 have also 
assigned this peak to the C-H bending frequency 
out of plane and it is significant that compounds 
containing no C-H group (tetra-substituted py­
rimidines) do not show a peak in this region.
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CONDUCTANCE OF MERCAPTANS IN PYRIDINE IN ADDITION OF HEAVY
METAL ACETATES

B y  D a v i d  H. R o s e n b l a t t  a n d  G e o r g e  N. J e a n  

Contribution from the Chemical Corps Medical Laboratories, Army Chemical Center, Md.
Received February Î955

Conductance curves are presented for the addition of mercuric, phenylmercuric, zinc, cadmium, lead and silver acetates to 
2,3-dimercapto-1-propanol (BAL), l,3-dimercapto-2-propanol, 2-mercaptoethanol and n-decylmercaptan, dissolved in 
pyridine. Explanations for some of the results are suggested.

I. Introduction
In the course of investigations on the chemistry 

of BAL (2,3-dimercapto-l-propanol), we undertook 
the conductometric study of reactions between 
heavy metal acetates and mercaptans in pyridine. 
Our early results indicated no conformance to an 
easily recognizable pattern that would permit pre­
diction of the nature of interaction of an untested 
mercaptan-metal combination. The type of sur­
vey here described could be extended indefinitely, 
employing other metal salts and mercaptan types, 
without leading to the formulation of a general the­
ory. For this reason, detailed study was limited 
to four mercaptans and six metal salts. A few 
additional related experiments have also been in­
cluded.

Pyridine was chosen as a solvent for the follow­
ing three reasons: (a) it dissolves the mercuric 
mercaptides of BAL and l,3-dimercapto-2-propa- 
nol,1 (b) it is a good solvent for many heavy metal 
salts,2 and (c) its acetic acid solutions have very 
low conductances.2

II. Experimental
Materials.—BAL and 1,3-dimercapto-2-propanol were 

purified through the mercury mercaptides1 and distilled at 
2.7 mm. Commercial samples of re-deeylmercaptan and 2- 
mercaptoethanol were used without further purification. 
The n-decylmercaptan was only 93% pure, according to the 
average mole ratios at the titration end-points, and correc­
tions were made accordingly in the data presented here.

The pyridine was of a grade sold for Karl Fischer water 
analyses.

The heavy metal acetates were all of reagent grade, and 
their pyridine solutions were 0.200 M  in the case of the 
monovalent salts and 0.100 M  for the divalent salts.

Apparatus.—A Serfass Conductivity Bridge, Model RC 
M15, made by Industrial Instruments, Inc., was used for 
conductance measurements with the 60 cycle source.3 The 
conductivity cell,4 of the dip type commonly used for testing 
distilled water, had smooth platinum electrodes and a cell 
constant of 0.122 cm.-1. Titrations were carried out in a 
cylindrical vessel 40 mm. in diameter and 110 mm. high, 
through the outer jacket of which water was circulated at 
25°. Water-pumped nitrogen, after passage through 
Fieser’s solution, anhydrous calcium chloride and pyridine, 
was introduced into the vessel through a tube from above. 
Solutions of the metal salts in pyridine were added from a 
5-ml. microburet, graduated to 0.01 ml. and provided with

(1) B. Sjoberg, Ber., 75, 13 (1942).
(2) L. F. Audrieth and J. Kleinberg, “ Non-Aqueous Solvents,” 

John Wiley and Sons, Inc., New York, N. Y., 1953, pp. 123-125.
(3) The 60 cycle source permitted more accurate readings, at very 

low conductances, than did the 1000 cycle source.
(4) When no precipitate was formed during a titration, the cell was

cleaned by immersion in methanol, distilled water and methanol 
again, and air-dried just before use. When a precipitate had formed it 
was removed with nitric acid followed by thorough water rinsing in 
which case there often remained, on the electrodes, a conducting con­
taminant. The latter was best removed by soaking the cell in pyridine; 
the cell was dried again before use.

a reservoir and greaseless Teflon stopcocks. Teflon-covered 
magnetic bars were used for stirring. After introduction 
of the mercaptan solution, the top of the vessel was covered 
with aluminum foil to prevent air from diffusing in.

Procedure.—A sample of mercaptan was weighed into a 
25-ml. volumetric flask and diluted to volume with pyridine 
just prior to use. An aliquot, chosen to contain 0.75 to 
0.95 mequiv. of thiol, was added to the amount of pyridine5 
necessary to bring the total volume to 70 ml., and a slow 
stream of nitrogen was passed into the solution. The con­
ductance was measured before insertion of the buret tip to

Equiv. Hg(OCOCH3)2 per equiv. SH.
Fig. 1.— Conductance of mercaptans in pyridine on 

addition of 0.100 M  mercuric acetate: O, BAL (0.90 meq.); 
□, l,3-dimercapto-2-propanol (0.79 meq.) for comparison.

(5) The conductance of the pyridine was checked before addition of 
the mercaptan solution in order to assure that the apparatus was free 
from conducting impurities. When the conductance was more than 1 
micromho the pyridine was replaced by a fresh portion.
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avoid effects of diffusion of the titrant. The buret and the 
aluminum foil were put in place and titration begun. After 
each addition of heavy metal salt solution, stirring was con­
tinued for a few seconds, stopped,6 and a conductance read­
ing made. Occasionally, after the lapse of a minute, the 
conductance was remeasured in order to check the constancy 
of the readings.

III. Results
The results of the conductometric titrations are 

given in Figs. 1-9. In the absence of a precipitate 
equilibrium was generally established instantane­
ously. In regions of precipitate formation, indi­
cated by broken lines on the graphs, the conduct­
ance readings usually drifted downward with time. 
Only the first reading after each increment of 
metal acetate was graphed.

Mercuric Acetate.—Of the six metal salts for 
which data are given here, mercuric acetate showed 
the greatest relative difference between BAL 
and the other mercaptans. The maximum in the 
BAL curve (Fig. 1) occurred a little past the mid­
point (he., equivalents Hg(OCOCH3)2/equivalents 
SH =  0.5), corresponding to a ratio of one mercury 
atom per two BAL molecules, and a minimum, 
which could be considered the titration end-point, 
was found at an equivalent ratio of 1:1. Also, 
with the other mercaptans (Fig. 2) maxima were 
reached near the mid-points and end-point minima 
near 1:1 equivalent ratios of mercuric acetate to

Equiv. Hg(OCOCH3)o per equiv. SH.
Fig. 2.— Conductance of mercaptans in pyridine on ad­

dition of 0.100 .1/ Hg(OCOCH3)2: □, 1,3-dim ere apto-2-
propanol (0.70 meq.); » .  2-mercaptoethanol (0.92 meq.); 
9, M-deevlmercaptan (0.70 meq.).

(l>) Both the magnetic stirrer and the circulating pump interfered
and had to be stopped when readings were to be made.

Equiv. C6H5HgOCOCH3 per equiv. SH.
Fig. 3.— Conductance of mercaptans in pvridine on ad­

dition of 0.200 M  C6H5HgOCOCH3: 0 ,  BAL (0.82 meq.); 
□ , l,3-dimercapto-2-propanol (0.82 meq.).

mercaptan. With the exception of r^decylmercap- 
tan, the end-point conductances were less than 
the mercaptan conductances before addition of the 
metal salt. No attempt was made to study the ef­
fect of additional mercuric acetate past the 1:1 
equivalent ratio, but the possibility of further in­
teractions is not excluded. A mixture of BAL with 
2-mercaptoethanol (data not given here) gave a 
higher conductance maximum than the sum of the 
maximum values obtained with the individual mer­
captans.7'8

Phenylmercuric Acetate.—With BAL the con­
ductance maximum on titration with phenylmer­
curic acetate was one-fifth as large as that ob­
tained with mercuric acetate, whereas with the

(7) When, earlier in the course of this investigation, a sample of 
l,3-dimercapto-2-propanol obtained from another laboratory was 
titrated with mercuric acetate, a much higher conductance maximum 
was obtained, and the curve was peculiarly flattened. This could 
best be explained on the basis of a small admixture of BAL.

(8) Ethanedithiol gave a curve, the first part of which showed a high 
conductance like that of BAL, but a heavy precipitate and an abrupt 
drop in conductance appeared when about one-third of the stoichio­
metric quantity of mercuric acetate had been added. It  is evident 
that there was a condition of supersaturation with respect to the non­
conducting reaction product, which favored the existence of the con­
ducting species, prior t.o the precipitation.
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Equiv. C6H5HgOCOCH3 per equiv. SH.
Fig. 4.— Conductance of mercaptans in pyridine on ad­

dition of 0.200 M  C6H5HgOCOCH3: ©, 2-mercaptoethanol 
(0.84 meq.); ©, a-decylmercaptan (0.78 meq.).

Fig. 5.— Conductance of mercaptans in pyridine on ad­
dition of 0.100 M  Zn(0C0C H 3)2-2H20 : O, BAL(0.77 meq.); 
0, l,3-dimercapto-2-propanol (0.91 meq.); Q, 2-mercapto­
ethanol (0.91 meq.); ©, n-decylmercaptan (0.83 meq.).

other mercaptans and phenylmercuric acetate the 
maxima were higher (Figs. 3, 4). The maxima for 
all four mercaptans occurred closer to the end­
points with phenylmercuric acetate than with mer­
curic acetate. In contrast to the other metal salts 
discussed herein (excluding cases where precipita­
tion took place) phenylmercuric acetate did not 
react instantaneously, although the conductances 
did attain constant values within two or three min­
utes after each increment of titrant. The end-point 
conductances were higher than the initial conduct­
ances.

Zinc Acetate (Fig. 5).—Both BAL and 1,3-di- 
mercapto-2-propanol gave conductance curves with 
zinc acetate which showed maxima and end-point

Equiv. C d(0C 0C H 3)r2H 20  per equiv. SH.
I?ig. 6.— Conductance of mercaptans in pyridine on ad­

dition of 0.100 M  C d(0C 0C H 3)2-2H20 : 0 ,  BAL (0.84 meq.); 
0, l,3-dimeroapto-2-propanol (0.93 meq.); ©, 2-mercapto- 
othanoi (0.85 meq.); ©, n-decylmercaptan (0.77 meq.).

minima, the latter close to 1:1 equivalent ratios. 
The end-points were not sharp, however, and were 
significantly higher than the initial conductances. 
By contrast, in the case of 2-mercaptoethanol and 
n-decylmercaptan no end-point minima appeared; 
at the beginning of the titrations curious drops to 
minima occurred for which we can offer no explana­
tion.

Cadmium Acetate (Fig. 6).—BAL and n-
decylmercaptan gave conductance curves with cad­
mium acetate which had maxima appearing ap­
proximately where precipitation began. Precipi­
tation and decreasing conductances were ob­
served during the entire course of addition of 
cadmium acetate to l,3-dimercapto-2-propanol. 
As with zinc acetate, the 2-mercaptoethanol gave 
an initial drop in conductance when cadmium ace­
tate was added, but the conductance then increased 
markedly, and only gave signs of leveling off after 
the 1:1 ratio of equivalents Cd(OCOCH3)2/equiva- 
lent SH had been exceeded. The end-point con­
ductances for BAL and l,3-dimercapto-2-propanol 
were lower than the initial conductances.

Lead Acetate (Fig. 7).—With BAL a very sharp 
drop in conductance, accompanied by scanty 
yellow precipitation, followed the appearance of a 
maximum. The occurrence of a minimum at an 
equivalent ratio of lead acetate to BAL of about 0.9 
(rather than 1.0) was anomalous, but could be dem­
onstrated on repetition of the experiment. In the 
case of l,3-dimercapto-2-propanol, a copious yellow 
precipitate formed immediately after the conduct­
ance maximum had been reached. After an initial
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1.0

Equiv. P b (0 C 0 C H 3)2-3H20 per equiv. SH.
Fig. 7.— Conductance of mercaptans in pyridine on ad­

dition of 0.100 M  P b (0C 0C H 8)2-3H20: O, BAL (0.95
meq.); 0 , l,3-dimercapto-2~propanol (0.87 meq.); O, 2- 
mercaptoethanol (0.80 meq.); ©, n-decylmercaptan (0.80 
meq.).

drop in conductance, 2-mercaptoethanol gave a 
curve which showed no sign of leveling off when 
the stoichiometric amount of lead acetate had 
been added. The variations in conductance of 
n-decylmercaptan on addition of lead acetate were 
almost insignificant; as with most known lead mer- 
captides,9 the precipitate was yellow. Only 1,3- 
dimercapto-2-propanol gave an end-point conduct­
ance lower than the conductance of the mercaptan 
before addition of the lead salt.

Silver Acetate.—Silver acetate was the only re­
agent that precipitated all of the mercaptans 
studied. Unlike the previously described experi­
ments in which precipitation occurred, the con­
ductances continued to rise on addition of the metal 
salt past the turbidity point. The early peak and 
drop exhibited by 2-mercaptoethanol were evi­
dently associated with a temporary condition of 
supersaturation, which was terminated when pre­
cipitation began. The end-points at an equivalent 
ratio of 1:1 in the titrations of BAL and 1,3-di- 
mercapto-2-propanol (Fig. 8) were indicated by 
very sharp minima (higher than the initial conduct­
ances), but no such minima were observed for n- 
decylmercaptan and 2-mercaptoethanol (Fig. 9).

(9) Addition of lead acetate in pyridine to ethanedithiol in the same 
solvent gave a yellow precipitate which became white within a few 
seconds. With methanol as the medium, it took about half an hour 
for the color transition to occur, while the dry yellow mercaptide was 
stable for longer periods (c f . C. Werner, Jahresbericht, 16, 424 (1802)).

Equiv. AgOCOCH3 per equiv. SH.
Fig. 8.— Conductance of mercaptans in pyridine on ad­

dition of 0.200 M  AgOCOCH3: O, BAL (0.81 meq.); 0, 
l,3-dimercapto-2-propanol (0.78 meq.).

Nevertheless the titration curves for the latter two 
compounds had sharp break points at an equivalent 
ratio of 1:1 because of the high conductance of the 
silver acetate.

Other Heavy Metal Salts.— During preliminary 
screening, manganous, nickel and cobaltous ace­
tates gave irregular curves with BAL and 1,3- 
dimercapto-2-propanol, characterized by relatively 
high specific conductances, by slow attainment of 
equilibrium at certain points in the titrations, and 
by no minima or breaks at the calculated end-points 
(assuming 1:1 reactions). The reactions of man­
ganous acetate have been described elsewdiere.10 
Nickel acetate and cobaltous acetate gave dark 
brown and very dark olive-brown solutions, respec­
tively.

IV. Discussion
The choice of pyridine as the solvent for use in 

this study proved fortunate in that the reaction 
products were in most cases soluble. Hence, the 
removal of conducting intermediates by the forma­
tion and precipitation of non-conducting sub­
stances was largely prevented. Pyridine also pro­
vided an excellent selective medium for the disso­
ciation of the conducting intermediates; it is with 
the nature of the latter that we are most concerned.

The ratio of reactants at the conductance maxi-
(10) D. TT. Rosenblatt and G. N. Jean, A nal. Chern., in press.
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Equiv. AgOCOCEE per equiv. SH.
Fig. 9.— Conductance of mercaptans in pyridine on ad­

dition of 0.200 M  AgOCOCH3: O, 2-mercaptoethanol (0.77 
meq.); ©, n-deeybnercaptan (0.75 meq.).

mum for the BAL-mercuric acetate reaction sug­
gests that the reactions of BAL are of the type11

yS—M"—Ss
2R"(SH)2 +  M"(OCOCH2)2 R " V

^ S - -S'7
IT

t Ah

r /s\ /s\ t
R" M " R" +  2H+ +  2CH3CO,H3

L X SX  \ s /  J

aqueous solution (pH 7.5) by a twofold excess of 
BAL even in the presence of sodium sulfide. The 
same group13 also reported the solubility of the cad­
mium ion with BAL in the presence of a basic me­
dium. They formulated1213 the structures IV

H2C— S— M— S — C112
I I

H— C— S-Na NaS— C—H
I I

EEC— Oil HO— CEE 
IV  (M =  H g, Cd)

which are essentially the same as II. Mills and 
Clark14 prepared compounds V

K ,

\ / \ s/  \ s/  w  \CHa
V (M  = Hg, Zn or Cd)

and replaced the potassium ion in V to form the 
corresponding quinine salts. It is interesting to 
note that the manganous complex of BAL is evi­
dently of another type,10 and this is most likely true 
for the nickel and cobalt complexes. The dithiol- 
heavy metal reactions which are characterized by 
maxima within regions where the dithiols are in ex­
cess and minima at the 1:1 ratio probably can be 
better explained by structures of type I than by II 
(or IV), because only chelation can account for the 
increased acidity of the mercapto groups. Such 
chelation complexes, especially when the conduct­
ances of the metal acetates are relatively small, 
would be chiefly responsible for the total conduct­
ances of the solutions. The concentration-con­
ductance relationships15 could not be expected to 
be linear, but the maxima would nevertheless cor­
respond to the highest concentrations reached by 
the type I species. The exact locations of the max­
ima would depend on the values of the equilibrium 
constants /vi and A 2.16 Precipitation would shift 
the reactions to III, causing a decrease in conduct­
ance. If we extend the explanation to all mercap­
tan complexes of this type, the structures for com­
plexes of monovalent metal ions would be of forms 
VI or VII, and those of divalent ions of forms I or 
VIII.

These formulations do not explain the behavior of 
2-mercaptoethanol with lead and cadmium, neither 
do they show why, with silver acetate, the conduct-

M"(OCOCH3)2

K ,

/ \
2 R " M"

x sx
I I I

+  4CH3CO,H

R ”(SH)2 =  dithiol, such as BAL
M " =  divalent heavy metal ion, such as mercuric

Complexes such as Hg(SCN)=, Cdl“  and Ag(CN)~ 
are well known; however, little information could 
be found on analogous complex ions in which the 
ligands were mercapto groups. Gilman and co­
workers12 observed that the mercuric ion is held in

(11) H + and acetic acid are assumed to be solvated.
(12) A. Gilman, R . P. Allen, F. S. Philips and E. St. John, J . Clin. 

Invest., 25, 549 (1946).

ances of BAL and l,3-dimercapto-2-propanol con­
tinue to increase well past the beginning of precipi­
tation, and then decrease sharply near the end 
points. Possibly this behavior is related to the ex-

(13) A. Gilman, F. S. Philips, R. P. Allen and E. S. Koelle, J. 
Pharm acol., 87, Suppl., 85 (1946).

(14) W. H. Mills and R. E. D. Clark, J. Chem. S oc., 175 (1936).
(15) The high conductances of the complexes may be attributed to 

the relatively great dissociability of ion pairs containing large ions.
(16) Since these are not of the same dimensions, their ratio to each 

other is not the only determining quantity.
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r  / \  r _ ,S— R ' ' “ ~R'Sv / S R ' -
M ' R " 1 M ' AI '

L .  N s — R '_ . R ' S / N s r '_
VI VII VIII

M ' =  monovalent heavy metal ion, such as phenyl- 
mercuric

M " =  divalent heavy metal ion, such as mercuric 
R'SH =  monothiol, such as 2-mercaptoethanol 
R"(SH )2 =  dithiol, such as BAL

traordinarily high dissociation constants of silver 
salts in pyridine.17

(17) D. S. Burgess and C . A . K raus, J . A m . C h em . S o c ., 70, 706 
(1948).

A surprising feature of some of the titration 
curves is the appearance of extremely low end­
point conductances. Even if it is supposed that 
all the current at these end-points was carried by 
the acetic acid formed in the reactions, the con­
ductance of the acetic acid still was lower than 
that of the mercaptans initially present. It would 
be of interest to supplement this observation with 
measurements of the comparative dissociation 
constants of mercaptans and carboxylic acids in 
pyridine. The evidence indicates that mercaptans 
in pyridine are about as strongly dissociated as 
carboxylic acids.

THE POLY-COMPONENT AQUEOUS SYSTEMS CONTAINING THE 
CHLORIDES OF Ca2+, Mg2+, Sr2+, K+ AND Na+ BETWEEN 18 AND 93°

B y  G u n n a r  0 .  A s s a r s s o n  a n d  A i n o  B a l d e r  

Chemical Laboratory of the Geological Survey of Sweden, Stockholm 50, Sweden 
R eceiv ed  F eb ru a ry  5 , 1 9 5 5

The aqueous four-component system containing the chlorides of calcium, magnesium and potassium was investigated 
between 18 and 93° . With increasing temperature the existence area of tachydrite grows at the expense of the magnesium 
chloride hexahydrate and the calcium chloride hydrates; the area of the double salt baeumlerite increases chiefly at the ex­
pense of calcium chloride dihydrate and carnallite; and above 92° the double salt dicalcium chloride magnesium chloride 
hexahydrate grows chiefly at the expense of tachydrite. The system is not changed substantially with additional sodium 
and strontium chloride. No new compounds occur.

In some earlier papers1 the present authors have 
presented their reports on the formation of the 
solid phases from solutions belonging to the binary, 
ternary and two of the quaternary aqueous sys­
tems containing the chlorides of calcium, magne­
sium, strontium, potassium and sodium. The 
temperature range chosen for the experiments lies 
between 18° and about 100°, because the properties 
of the solutions within this range are of some im­
portance, in connection with the crystallization 
of the solid phases as well as the elucidation of the 
paragenesis of the natural salt deposits. The re­
port is brought to completion in this paper by an 
account of some of the results from studies of some 
other quaternary and poly-component systems.

The experimental conditions have been de­
scribed earlier. Substances present in small quan­
tities, in particular sodium and strontium, were in 
most cases determined spectrophotometrically. 
The solid phases formed were determined by 
graphical extrapolation according to Roozeboom, 
by calculation according to Igelsrud and Thompson2 
and they were identified microscopically with a 
heat stage microscope.

The Quaternary Aqueous System of the Chlo­
rides of Ca2+, Mg2+ and K +.—The ternary aque­
ous systems belonging to this quaternary system 
have been investigated rather thoroughly. At 
temperatures higher than 100-200°, however, some 
completing determinations are desirable. These 
questions, however, do not lie within the scope of

(1) G . O. Assarsson, J . A m . C h em . S o c ., 72, 1433 (1950); G . O. 
Assarsson and Aino Balder, T h is  J o u r n a l , 57, 207 (1953); 57, 717 
(1953); 58, 253 (1954); G. O. Assarsson, Geol. Survey of Sweden, 
Ser. C , Y earb ook 42, No. 10, 1948 (English).

(2) I. Igelsrud and T. G. Thompson, J . A m . C h em . S o c ., 58, 2003 
(1936).

the present investigations. The ternary anhydrous 
system of the chlorides has been examined quite 
recently.3 The aqueous isotherms at 0°,2 35°,4 
7504 have been published earlier but of the in­
fluence of the components on the formation of the 
phases and on the change of concentration little is 
known. From the experimental material, some 
observations may be given here, chiefly concerning 
the lowest formation temperatures of the phases 
and the concentration of the solutions at some 
isothermally invariant points (Table I). A graphi­
cal polythermal representation of the four com­
ponent system between the lowest temperature 
( — 55°) and the melting point of the anhydrous 
phases is very difficult to present clearly and in­
telligibly, owing to the occurrence of the four double 
salts and the large numbers of hydrates and to 
the unknown parts of the ternary systems. The 
principal diagrams are therefore drawn as Janecke 
projections on the wafer-free side of the tetra­
hedron (Fig. 1), and represent the equilibria be­
tween 0 and 93° only, these being the most impor­
tant for the purposes mentioned above. Only those 
parts of the diagrams which concern the solutions 
very rich in calcium chloride are of interest in this 
connection.

The transformation of calcium chloride hexa­
hydrate into a-tetrahydrate takes place at 24.8°.5 
The change in concentration of the solutions rich in 
calcium chloride, which takes place with increasing 
temperature in the invariant and mono variant 
equilibria, involves mainly an increase in the

(3) A. I. Ivan ov, D o k la d y  A k a d . N a u k , S .S .S .R .,  8 6 , 539 (1953).
(4) W . L. L ightfoot and E . F. Prutton, J . A m . C h em . Soc.., 68 , 1001 

(1946); 69,2098 (1947); 7 0 ,4 1 12  (1948); 71, 1233 (1949N
(5) J. H. van ’t  Hoff, Z . a n o rg . C h em ., 47, 253 (1905).
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Fig. 1.—The quaternary system CaCl2-M gCl2-K C l-H 20, Janeeke projection on the water-free side of the tetrahedron: 
0.0° according to Igelsrud and Thompson2; 25.0°, van’t Hoff6; 35.0°, Lightfoot and Prutton; 75.0°, the solutions, Light- 
foot and Prutton.4 Concerning the symbols see Table I, concentration weight per cent.

T a b l e  I
E q u il ib r ia  in  t h e  Q u a t e r n a r y  S y s t e m  CaCl2-M gCl2-  

KC1-H20
Solid phases: Ca6 =  CaCl2-6H20 ;  Ca4 =  aCaCl2-4H20 ; 

Ca2 =  CaCl2-2H20 ; Mg6 =  MgCI2-6H20 ; earn =  car- 
nallite KMgCl3-6H20 ; tach =  tachydrite CaMg2ClsT2H20 ; 
baeum =  baeumlerite KCaCL; Ca2Mg6 =  Ca2MgCl6-6H20 ; 
K =  KCI.

Tem p.,
°C .

Solution, w t. % 
C a C l2 M g C l2 K CI Solid phase

21.50 30.9 14.1 0.5 Ca6 +  Mg6
30.8 14.3 0.4 Mg6 +  earn

21.95 41.5 1.6 3.3 earn +  Ca6 +  K
31.7 13.5 0.3 tach - f  earn +  Ca6
31.4 14.0 0.3 tach +  earn +  Mg6

37.6 51.5 0.8 6.7 Ca4 +  earn +  K
47.6 5.0 1.6 Ca4 +  earn +  tach

37.9 50.9 0.6 7.3 earn +  baeum +  K
51.3 0.5 7.0 earn +  baeum +  Ca4
47.8 5.0 1.7 earn +  tach +  Ca4

50.5 49.8 1.5 8.5 earn +  baeum +  K
50.8 3.9 4.0 earn +  baeum +  tach
52.3 3.4 3.7 baeum +  tach +  Ca2

93.0 41.9 7.7 10.3 baeum +  cam +  K
40.9 11.5 6.0 baeum +  tach +  earn
51.1 7.1 2.9 baeum +  tach +  Ca2Mg6
53.5 5.9 2.8 baeum +  Ca2Mg6 +  Ca2

potassium chloride content and a decrease in the 
magnesium chloride content, until the formation 
begins of the double salt potassium calcium chlo­
ride. The lowest formation temperature of this 
double salt, which will here be referred to as 
baeumlerite,6 is only some tenths of a degree lower 
in the present quaternary system than in the ter­
nary aqueous system potassium chloride-calcium 
chloride. The second double salt tachydrite has 
its lowest formation temperature at 21.95° in the 
ternary system; here again the change in lowest 
formation temperature when potassium chloride is 
added, is insignificant. As the temperature in­
creases the existence area of tachydrite grows at 
the cost of the existence areas of calcium chloride 
and magnesium chloride hydrates. Another phase 
transformation «-calcium chloride tetrahydrate- 
dihydrate takes place at 41.5 ±  0.5°. At about

(6) T h e reasons for this name will be discussed elsewhere (c/. 
O. Renner, Cbl. M in ., 106 (1912)).

50° the existence area of tachydrite touches that 
of baeumlerite and very nearly at the same tempera­
ture that of calcium chloride dihydrate. This 
temperature range has not here been examined in 
more detail, being without greater importance. 
More interesting is the fact that as the tempera­
ture further increases, the existence area of baeum­
lerite begins to widen at the expense of those of 
carnallite and tachydrite so that it forms a tri­
angular strip between these two areas. This 
seems to be the main feature of the crystallization 
at temperatures higher than 100°. At 92.0 ±
0.5° the double salt dicalcium chloride-magnesium 
chloride hexahydrate begins to crystallize. At 
93.0° the area of this double salt is a narrow ribbon, 
and at increasing temperature it becomes wider 
chiefly at the expense of the existence areas of cal­
cium chloride dihydrate and tachydrite.

Compounds other than those earlier known from 
the ternary systems do not occur within the tem­
perature range investigated.

The Polynary Aqueous Systems Containing the 
Chlorides of Ca2+, Mg2+, Sr2+, K+ and N a+ — 
The saturated solutions, belonging to those sys­
tems and being rich in chlorides of calcium, mag­
nesium and potassium, contain small amounts 
of strontium and sodium chloride. There are 
no new phases formed. The small concentration of 
strontium and sodium chloride influences the lowest 
formation temperatures of the phases rather in­
significantly, in general by only one or two tenths 
of a degree (sodium chloride) or one to one and a 
half degrees (strontium chloride). The crystal­
lization of solid solution calcium strontium chloride 
hexahydrate and the interrupting gap containing 
strontium chloride dihydrate, described earlier,1 
are influenced by the presence of gradually in­
creasing amounts of magnesium chloride, so that

T a b l e  II
E q u il ib r ia  in t h e  H e x a n a r y  S y s t e m  CaCl2~MgCL- 

SrClr-KCl-NaCl-HjO
Solid phases: Sr6 =  SrCl2-6H20 ; Sri =  SrCl2-H20 ; Na =  

NaCl; see further Table I.
T em p., Solution, w t. %

° C . C a C l2 M gCU  S rC h  K C I N a C l Solid phase

21.95 40.5 1.4 1.0 3.1 0 .4  Ca6 +  earn +  Sr6 +
K +  Na

93.0 39.0 9.9 3 .0  6 .2  0.3 baeum -f- tach +
earn -I- Sri - f  Na
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the gap disappears from the isotherms at about 25°. Two analyses of the mother liquor at 21.9 and 
There are no other properties of the systems worthy 93.0 may be given here to illustrate the composition 
of special mention. (Table II).

POLYMER CHAIN CONFIGURATION NEAR A BOUNDARY EXERTING
FORCES

B y  H. L. F risch

Department of Chemistry, University of Southern California, Berkeley, Calif.
Received February 5, 1955

The configuration of a flexible polymer chain, built up by the successive deposition of single segments, near a phase bound­
ary exerting forces on the individual segments is studied. It is shown that the end-to-end distance probability distribution 
satisfies instead of a simple diffusion equation a Fokker-Planck equation whose convective terms are proportional to the 
forces exerted by the boundary. When these forces are small, solutions by perturbation series are given, while for large 
forces an approximate solution is derived in the case of attraction. The effect of the chain configuration on such surface 
properties as the adsorption of polymer from solution, the stabilization of colloidal suspensions by dissolved macromolecules, 
the surface tension of polymer solutions, etc., is treated.

I. Introduction
Theoretical studies of the adsorption of flexible 

macromolecules onto solids from their solution,1-2 
the surface tension of polymer solutions3 as well 
as certain other surface properties of polymer solu­
tions4 show that these may depend strongly on the 
configuration of the polymer chain near a phase 
boundary. In the case of adsorption, preliminary 
experimental investigations show that such is in­
deed the case and indicate rough qualitative agree­
ment between theory and experiment.5 In the ab­
sence of strong forces exerted by the phase bound­
ary, the configuration of the polymer chain can be 
assumed to be given by an appropriate solution of 
the diffusion equation with a boundary condition 
corresponding to perfect reflection and neglecting 
disturbing effects arising from excluded volume.1 
In systems without pronounced polar character or 
polymer-substrate specificity, the forces acting on 
the polymer are of the order of kT, that is, suffi­
ciently weak to produce at most a small perturba­
tion in the random coil configuration of the poly­
mer. We shall estimate the magnitude of this 
perturbation.

On the other hand in certain systems strong forces 
will be acting on the segments of the polymer chain 
leading to the failure of a simple perturbation 
treatment. Such an instance could well be ex­
pected to occur in biologically important polymer 
substrate systems, e.g., antigen-antibody reactions, 
in which mutual specificity plays an important 
role. We shall present a treatment which applies 
in first approximation in such cases (strong forces) 
for sufficiently large polymer chains. The precise 
specification of a polymer chain of t segments in

(1) H. L. Frisch, R . Simha and F. R. Eirich, J .  Chem. P h ys., 21, 365
(1953) ; R . Simha, H. L. Frisch and F. R . Eirich, T his Journal, 57, 
584 (1953); H. L. Frisch and R. Simha, ibid., 58, 507 (1954).

(2) R . Ullman, paper presented at the 124th meeting of the Ameri­
can Chemical Society, September 6-11, 1953, Chicago, Illinois.

(3) Fumio Oasawa and Sho Asakura, J . Chem. P h ys., 22, 1255
(1954) .

(4) Such as for instance the stabilization of colloidal suspensions. 
Cf. E. L. Mackor and J. H. van der Waals, J . Colloid S c i .,  7 , 535 
(1952) as well as reference 3.

(5) W . Heller and T . L. Pugh, J . Chem. P h ys., 22, 1778 (1954), 
as well as papers quoted in references 1.

such a force field would require the introduction of 
the joint probability distribution of all t segments, 
specifying the location of each segment. In most 
applications such detail is unnecessary, interest be­
ing centered on the probability distribution of end- 
to-end distances w(x, y, z; t) where x, y, z are the 
coordinates in a coordinate system of the segment 
at whose origin the first segment of the polymer 
chain is located. We shall try to estimate this 
probability assuming the following.

(1) That w(x, y, z; t) is not affected by the force 
field in the x and y direction but merely along the 
z direction (being the vertical distance of Lie seg­
ment from the boundary), so that

-Iw(x, y, z; t) = wo(x; t) w0(y; t) w{z; t) (1)
where w0(x; t) =  (2irft)~1/2 exp ( —x2/4 ft) and /  is 
the segment diffusion constant, in the “ random 
flight” analogy.

(2) The potential F(£), consisting in general of 
both attractive and repulsive terms, acts on every 
segment s, 1 s ij t, separated a distance £ from the 
phase boundary.

(3) The boundary is impenetrable to all polymer 
chains.

(4) The deposited polymer chain can be thought 
to be built up of successive depositions of the poly­
mer segments and for simplicity but without real 
loss in generality the first segment is assumed to lie 
at 2  =  0, i.e., on the boundary.

(5) We shall neglect certain complicating effects 
such as those arising from excluded volume con­
siderations, etc.

Let a segment be placed in a certain configura­
tion at a distance £ from the boundary. The force 
acting on this segment is obtained from the gradient 
of the potential F (£) as

-  =  6,flr(f) (2)

The effect of this force will be to disturb the equal 
likelihood of placing a segment directed either to­
ward or away from the phase boundary. Assump­
tions (1), (4) and (5) guarantee that the location of 
the tth segment depends only on the location of the 
t -1st segment and thus w(z; t) is found as a solution
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of a typical “ random flight” integral equation 
whose kernel function is not isotropic. It can be 
shown6 that for sufficiently large t among other 
conditions this integral equation may in turn be re­
placed by the Smoluchowski equation.1'6

Ò W

dt
d2w à 

1 òz2 +  òz [v{z)w{z; i)J (3)
where v(z), the “ drift velocity,” gives the magni­
tude of the drift of the tth segment located at z, with 
v(z) positive if the forces exerted by the phase 
boundary at 2  are attractive. Then “ drift veloc­
ity” v(z) satisfies the usual Langevin equation6 
(cf. eq. 2)

v(z) = pF(z) =  \fg(z) (4)
where the segment mobility is equal to f/kT and 
tg/kT =  X. Thus the larger is e0 the larger will be 
the deviation of w(z; t) from w0(z; t) which is a 
solution of a simple diffusion equation obtained by 
setting X equal to zero in

S - / [ £  +  » !< * > ■ > ] ( »
obtained by substituting eq. 4 in eq. 3. The de­
gree of flexibility of the polymer chain also affects 
the magnitude of the drift term since v is propor­
tional to /  and the latter decreases as the flexibility 
of the chain increases.1 Equation 5 has to be 
solved under the initial and boundary conditions 
(cf. assumptions 3 and 4).

w — > 5(z) as t — >  0 (5 ')

+  \gw =  0 at z =  0 for t >  0

and
w, dw/dz — >  0 as z — >  +  ®, t > 0

Before we can proceed we will have to find a 
suitable form for F(£) the segment potential en­
ergy. This energy will itself be given as an integral 
over the surface of the phase boundary of the in- 
termolecular forces exerted on a segment by each 
molecule composing the boundary. These forces 
may contain besides electrostatic, inductive and 
dispersive force contributions, terms which may 
arise due to the formation of chemical or quasi­
chemical bonds between polymer segments and 
active sites on the substrate. The form of g(z) to be 
used in eq. 5 will depend on the polarity, chemical 
structure, etc., of the molecular species involved7 
but in the absence of strong specificity will gener­
ally be represented to a sufficient approximation by 
the g(z) derived from a square-well potential8

V{z) =  +  for z <  0
=  — to for 0 < 2 < R
=  0 for z >  R

i . e .

g(z)  =  S(z -  R ) , z >  0 (6)

In most applications of this theory1 ~4 to surface 
sensitive properties of polymer solutions one re­
quires only the value of w(z; t) at 2  =  0 and the

(6) S. Chandrasekhar, Rev. Modern Phys., 15, 1 (1943).
(7) For a recent review on details of these surface forces see J. H. 

Honig, Ann. N. Y. Acad. Sci., 58, 741 (1954).
(8) J. O. Hirschfelder, C. F. Curtiss and R. B. Bird, “ Molecular 

Theory of Gases and Liquids,”  John Wiley and Sons, Inc., New York, 
N. Y., 1954, p. 158 ff.

first, few moments of w(z; t), which are incidentally 
linearly related as can be seen directly from eq. 5 on 
multiplication by 2  and integration from zero to in­
finity, viz.

lt<Z>' = %ig ZW{Z;l)AZ ^
= /[w(0; i) -  X J*n g(z) w{z; I) cl/]

=  /[w (0 ; l )  — X <1/(2)>t]
Similarly one finds for the second moment <z?>,

= 2/[1 ~ X (H>)
Both these equations show that as expected at­
tractive forces exerted by the boundary decrease 
the extension of the chain as measured by the aver­
age and average square chain length by changing 
the functional form of the distribution and secondly 
by decreasing these by the terms <g(z)> t and 
<zg(z) >t,. For at least small values of X the asymp­
totic estimate < z > tg(<z> t) for <zg(z)> t should 
suffice. Since for small X, < 2 > t is of the order of 
if,/! (cf. eq. 7a) say < z > t =  a t this and eq. 7b 
should allow us to estimate the effect on the poly­
mer chain configuration of the range of the forces 
exerted by the boundary. Thus if these, i.e., g(z), 
fall off7 as A (2  — R) ~s we find

^ > t  = 2 / [ 1 -X 4 a i+T A ( f l A - 0 - S]

showing that the correction term becomes negligi­
ble for sufficiently large t and if 8 >  1 which will 
generally be the case; in particular surface dis­
persion forces have 5 — 4.7
II. The Weak Field, High Temperature Solution

For arbitrary g(z) no explicit general solution has 
been found but for the limiting case of small X = 
e0/kT eq. 5 can be solved in terms of a perturbation 
series in the parameter X. This case corresponds to 
either the case where the forces exerted by the 
boundary are very weak (e0 very small) or where the 
temperature of the polymer system is high as for 
example in a melt. Thus for X <  <  1 we write

w(z; t) =  Y j Xdm>ii(z; t) ( 8 )

where the successive w„(z; t) are found, on substi­
tution of eq. 8 in eq. 5 and 5', to satisfy 
ch«o dw„ _

dzr ~òt = 1 L òT  +  òz \ ,n  l ’ 2’àt 

where 

and

and

Qn~ 1 = g(z) (2 ; /)

-6(z)[

(9)

(O ')

w,
HDn as t 0

Ò W 0 = 0
ÒZ

àW n = ~Q,< ,
ÒZ

W o, w, cheo òw,
’’ Ò2 ’ ÒZ

0  1

at 2 = 0 for / > 0
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The successive solutions of eq. 9 for wn can be ob­
tained by inverting the Laplace transforms of w0(z; 
t) and wn(z; t)

where

?To(z; p) =

-..(Z, V) = / ;

e pt Wo(z; t) d¿

c~pt w„{z; t)

w„(z, p) = f g 3»-i («, «o; V) (zo; p) dz« (10)

with
V'a(z; p) = 2e q*lq; q = + (p //)'/'- 

Q n -i (z«; p) =  J*o e - p,Q„_ 1(2; l) dl

The Greens’ function g„ _ x{z, 2 0; p) is found to be
g—9(20 + *)

p) = +
je-«Oo -  *> H{ z a -  z) +  H(z -  Zo) j

with fi(.r) the Heaviside unit function. Equa­
tions 8 and 10 specify the desired solution for small 
X, for example if g{z) satisfied eq. 6 one finds using 
the above solution that

M>(0; t) =  (2ê t y j ,  u  +  +  0 ( D  (11)

= ie„(0; i)[l + X« + 0(X2)
If R is small, R ~  2 ; then the above result shows 
that the magnitude of the correction depends pri­
marily on «o the depth of the potential well (cf. eq.
6). Although e0 will vary considerably depending 
on the nature of the substrate-polymer system un­
der consideration a rough idea of the order of mag­
nitude of this entity can be obtained from the com­
parable e0 values found for a number of pure vapors 
from the second virial coefficient.7 Thus in the ab­
sence of specificity and pronounced polar character 
e0 in X could be approximated by the values of sim­
ple hydrocarbons, e.g., tn/k — 244°K. for ethane, 
etc. In the solution this value should be further 
reduced in view of the shielding by the solvent 
molecules. The perturbation procedure is thus 
justified and the magnitude of the correction which 
has to be introduced into w(0 ; t) 
and the moments will not exceed exp
a numerical factor of two at w(z; t) =  -¡¡— ------
room temperature or above. As J j exp
polar influences increase the J 0
treatment presented above becomes less satisfactory 
since e0/k for methyl chloride is about 469°K. while 
for water vapor in which the possibility of hydrogen 
bonding exists e0/k is 1260°K.7 In such cases the 
perturbation treatment must fail.

III. The Strong Attractive Field Solution
For large values of t0/k an alternate approximate 

solution of eq. 5 will be presented which holds only 
if the forces exerted by boundary are very strongly 
attractive. In the absence of external forces one 
can represent the unperturbed configuration of the 
polymer chain as resulting from a stationary balance 
(òw/òt =  0) between the effects of diffusion of the 
chain ends and a harmonic restoring force (replac­
ing the òw/òt term) with a force constant propor­
tional to kT and inversely proportional to t. This 
suggests that even in the presence of forces exerted

by the phase boundary a balance between the dif­
fusion “ force” with both the harmonic restoring- 
force and the forces exerted by the boundary pro­
ducing the drift velocity v(z) =  f\g(z) must be 
reached as long as v(z) >  0. If these forces are 
xrery strong, X > >  1, we can neglect the effect of 
the harmonic restoring force in this balance. Al­
ternatively phrased we can consider this instance 
as one in which we are justified in neglecting “ ran­
dom flight” correlations in placing successive seg­
ments of the chain in comparison with the effect 
due to the force field of the boundary, i.e., dw/dt 
in eq. 5 vanishes and we thus obtain

¿ J  = -  X £  [<K*)w] (12)
An appropriate solution of this equation is

w{z; t) = Ae f o ’e W
( 1 3 a )

since it satisfies the boundary conditions at zero, 
approximately the one at infinity and can be nor­
malized

f t  f t  - X  R zr,(Qdídz
1 =  I w(z; t) dz = A J  e Jo

so that

A = j j  £

Substituting eq. 2 into eq. 13b we find

w(z; t) —
e x p

\ F(z) I 
i kT Í

w{0, t) e x p
i F(z) -  F(0) Ì 
} kT \ ( 1 3 c )

I11 deriving eq. 13c we have assumed that the strong 
boundary forces remain strong over the whole 
range of distances accessible to the tth polymer seg­
ment of our chain. Should this not be the case as 
for example for a very deep but narrow square well 
potential eq. 13c should be replaced in first approxi­
mation by the more general relation

F(z) -  F(0) / TT/n , , , „------Yf------H(R — z) +  Wo(z; t) H(z —

j -  z) +  t) H{z -  /?)• d:

where w0(z; t) is the unperturbed probability distri­
bution which holds outside z =  R the range of the 
forces exerted on the ith segment by the phase 
boundary.

IV. Applications and Conclusion
The applications of the foregoing theory are di­

verse and we shall restrict our discussion to those 
mentioned in the introduction, in particular the 
adsorption of flexible mac.romolecules from their 
solution. As has been previously shown1 the prob­
ability that the rth segment of the polymer chain 
adheres to the phase boundary, p(r) is given by

p(r) =  «.(1 -  0 ) /oT/ o2X W o{x ,  y, 0; r)pdpd0 (15a)

=  a o ( l  — Wo{x; t ) Wo(y; t ) w { 0 ;  r)pd p d < f>

=  2 «o (l -  9 )  w ( 0 ; r )f 1 -  e - r/ i f ] ; ] <  r < t
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where 6 is the fraction of the surface of the phase 
boundary covered, a0 is the probability that if a 
segment touches it adheres, p2 =  x2 +  y2 and rf> =  
tan-1 (y/x). It is by way of this relation that the 
configuration of the chain influences the adsorption 
of the chain through the indicated proportionality 
to w(0, t). For weak boundary forces w(0, t) is in­
dependent of the range of these forces (5 — 4) as 
long as these decrease at least as the inverse square 
of the distance between the segment and the bound­
ary (cf. eq. 7) and for non-polar neutral polymer 
segments and molecules of the substrate w(0, t) is 
given by eq. 11 in first approximation. This leads1 
to an average <p(r) > t =  p =  [2a0(l — 9)/(tt/ 0 1/!] 
[1  +  X], The average number of anchors < v >  =  
pt =  O > o  [1 +  X] is still 0 and the adsorption 
isotherm is unchanged in form from that given in 
reference 1

= (K C y<">  =  (KC) i/< ->o[i +  M (15b)

neglecting activity corrections where C is the con­
centration of polymer in solution and K  is the 
known affinity constant. The increase in < v >  is at

most by a factor of two (X <  1) and can thus be neg­
lected by assuming it to be already incorporated 
in the term a0.

On the other hand if eo »  kT it follows from eq. 
14 that for moderate R, w(0; t) «  l/R and hence 
< v >  =  pt =  constant (1 — 6)a0t/R by virtue of eq. 
15a. This result means that sufficiently strong 
attractive forces of moderate range cause the 
chains to deposit completely onto the substrate sur­
face. In such a case the amount of polymer re­
moved from even very dilute solution almost equals 
the saturation value. As the range of the bound­
ary forces decreases the result given above must be 
modified somewhat since w(0; t) is no longer com­
pletely independent of t, nonetheless, to a first ap­
proximation < v >  is still proportional to t rather 
than f1/:K The implications of the foregoing both 
for the mechanism of reinforcement and stabiliza­
tion of colloid particles follows directly from previ­
ous discussions of the increase of the parameter 
0>.la>4-6

The author is indebted to Professor Robert 
Simha for having suggested this problem and many 
clarifying discussions.

THE SORPTION OF WATER VAPOR ON MAGNESIUM OXIDE
B y  R. I. R a z o u k  a n d  R. Sh . M i k h a i l  

Chemistry Department, Faculty of Science, Ein-Shams University, Abbassia, Cairo, Egypt
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Sorption-desorption isotherms of water vapor were determined at 35° on seven specimens of magnesium oxide prepared 
by the dehydration of brucite at 350, 500, 650, 800, 950, 1020 and 1100° with the aid of an electric sorption balance. The 
sorption isotherms are sigmoid, and definite limiting sorption values are invariably attained at saturation vapor pressure. 
The oxides prepared at or below 650° are rehydrated stoichiometrically at saturation vapor pressure, but as the temperature 
of dehydration is raised, the uptake of water at saturation diminishes, and, ultimately, when brucite is dehydrated at 1100°, 
the oxide obtained is “ deadburnt”  and does not take up the least amount of water from the vapor phase. In all cases, ap­
preciable hysteresis occurs, and thorough evacuation at room temperature of the rehydrated oxide removes only almost 
two-thirds of the water content at saturation, while the remaining one-third can only be expelled by outgassing at higher 
temperatures. Resorption isotherms are also sigmoid but distinct from the initial sorption isotherms though the two curves 
join together at the saturation point, forming thus a perfectly reproducible desorption-resorption loop. It is suggested that 
the water uptake is not merely a surface phenomenon, but rather a bulk effect, and that the water molecules are held up in 
the oxide lattice with binding forces which have two different strengths each of which being characteristic of the orientations 
in one of the two lattices of magnesium oxide crystallites described by Garrido.

Introduction
The sorption of water vapor on oxides and hy­

drous oxides has been studied extensively in certain 
cases especially on oxide gels like silica, alumina 
and ferric oxide gels. Other metal oxide-water va­
por systems have not yet been thoroughly investi­
gated, and the properties of such systems need fur­
ther systematic study. Moreover, most of the 
earlier work dealt with amorphous and microcrys­
talline oxides, the properties of which depend to a 
great extent on the exact details of preparation, the 
treatment they have undergone and in particular 
on the temperature to which they were subjected, 
and on aging.1

The present investigation deals with the sorption 
of water vapor on magnesium oxide prepared by 
the dehydration of native brucite under controlled 
conditions. This system was chosen on the follow­
ing grounds: (i) brucite occurs in well-defined
crystalline form of the hexagonal C 6 system as lam-

(1) S. J. Gregg, “ The Surface Chemistry of Solids,”  London, 1951.

ellae which can be readily cleaved and may be ob­
tained in a very pure state; (ii) extensive work 
has been done on the structural study of the system 
M g0-H 20  mainly with the aid of X-ray measure­
ments, and, in most cases, it has proved that there 
exist only two solid phases, viz., brucite Mg(OH)2, 
and periclase MgO, and no others.2 (iii) the de­
hydration of brucite at various temperatures has 
been thoroughly studied.3

The hydration of magnesia prepared from the 
carbonate or hydroxide has been measured by some 
authors. Campbell4 obtained an impure oxide 
by burning magnesite between 600 and 800° which 
could be hydrated completely in 3 days. Between 
1000 and 1100°, the magnesia suffered a change re­
sulting in a marked decrease in its rate of hydra­
tion, and the oxide obtained by decomposition at

(2) R. Frieke, et a l., Z . anorg. Chern., 166, 244 (1927); G. F. Hiittig 
and W. Frankenstein, ibid ., 185, 403 (1929); W . Biissem and F. K o- 
berich, Z. physik. Chern., B 17 , 310 (1932).

(3) S. J. Gregg and R . I. Razouk, J. Chern. Soc., S i ,  36 (1949),
(4) A. J. Campbell, In d . E ng. Chern., 1, 665 (1910),
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1450° combined with only 60% of the water neces­
sary to form Mg(OH)2, on being immersed in water 
for 18 months. Opinions differ, however, as to 
this temperature at which such a change takes 
place. Thus Le Chatelier5 6 gave 1600°, Parravano 
and Mazzetti5 800°, while Mellor7 pointed out the 
absence of a definite temperature, and showed that 
the change proceeds more quickly the higher the 
temperature of calcination. Recently, Colegrave, 
Richardson and Rigby8 observed that a sharp de­
crease in the hydration tendency of magnesia oc­
curred as the calcination temperature was raised 
from 1300 to 1400°. It is highly probable that this 
divergence of results is due in part to the presence 
of impurities. Indeed, the latter authors showed 
directly that the hydration tendency is greatly 
influenced by impurities, while Moteki and Muro- 
tani9 reported that the addition of iron oxide accel­
erated sintering.

Experiments on the sorption of water vapor by 
magnesium oxide led Ishikawa and Sano10 to sug­
gest that the adsorbed water does not cause hy­
dration of the oxide instantaneously, but that it re­
mains for a certain period of time in an adsorbed 
state. This view was confirmed by Fricke and 
Buckmann11 and by Quartaroli and Belfiori.12 13 
Isikawa and Kanamori,18 working with light and 
heavy water on magnesium oxide obtained by the 
dehydration of the hydroxide, succeeded in relating 
the adsorption velocities to the diffusion rates of 
the vapors through the capillary pores of magne­
sium oxide. Burdese14 15 investigated recently the ad­
sorption of water vapor on oxides of magnesium 
prepared by the calcination of the hydroxide and 
carbonate. He found that in presence of air the 
equilibrium of physical adsorption was reached af­
ter 2 hours, but that the uptake of water continued 
for a longer time due to the formation of the hy­
droxide, which in its turn, would adsorb more wa­
ter vapor. In absence of air, the author found that 
equilibrium is practically attained in 30 minutes, 
and that the adsorption gives rise to an isotherm of 
type IV in Brunauer’s classification,16 which was 
accompanied by pronounced hysteresis. However, 
Burdese confined the latter experiments to one 
single oxide calcined at 600°, and the measurements 
did not exceed an equilibrium pressure of 0.75 
relative vapor pressure.

Experimental
The determination of the amount of sorbed water vapor 

was carried out with the aid of an electric sorption balance
(5) PI. Le Chatelier, Compt. rend., 102, 1243 (1886).
(6) N. Parravano and C. Mazzetti, A tti accad. L ineei, [5] 30, I, 63 

(1921).
(7) J. W. Mellor, Trans. Ceram. Soc., 16, 85 (1917).
(8) E. B. Colegrave, H. M . Richardson and G. R . R igby, D iscs. 

Faraday Soc., 5, 352 (1949).
(9) K . M oteki and T . Murotani, J . Ceram. Assoc. Japan , 55, 426 

(1950).
(10) F. Ishikawa and K. Sano, J. Ckem. Soc. Japan, 53, 704 (1932).
(11) R. Fricke and H. Buckmann, B er., 72B, 1199 (1939).
(12) A. Quartaroli and O. Belfiori, A n n . Chem. A pplicate, 31, 61 

(1941).
(13) H. Isikawa and I. Kanamori, B ull. Inst. P h ys. Chem. Research  

(T okyo), 19, 1213 (1940).
(14) A. Burdese, Atti. Accad. Set. Torino, Classa Sci. F is . M at. et 

Nat., 86, 107 (1951-1952).
(15) S. Brunauer, “ The Adsorption of Gases and Vapors,”  Oxford,

1944.

similar to that described by Gregg.16 The apparatus used 
was composed of the electric sorption balance, a manometer, 
a water supply system, all of which were placed in an air 
thermostat regulated at 35 ±  0.1°, and an evacuation_sys­
tem consisting of a mercury diffusion pump coupled with a 
Cenco-Hyvac high vacuum oil pump and a McLeod gage_.

The magnesium oxide used in the present investigation 
was prepared from a piece of brucite kindly offered by Basic 
Dolomite, Inc., Cleveland, Ohio, part of which was used in 
studying the kinetics of the thermal decomposition of 
brucite.3 It proved to be very pure, and on ignition the 
loss in weight was 30.90%. Seven specimens of oxide, 
designated M gO (I)-M gO(VII) were prepared by the de­
hydration of brucite under vacuum at 350, 500, 650, 800, 
950, 1020 and 1100°, respectively. The first two specimens 
were dehydrated at their respective temperatures of 350 and 
500° in situ whereas the others were dehydrated outside the 
balance case in a silica tube at the required temperatures 
and later evacuated in situ at 500° for 3 hours. This pro­
cedure was necessary because the balance case was made of 
Pyrex glass and could not be heated safely to temperatures 
above 600° under vacuum. Preliminary experiments with 
water vapor and also with other vapors have proved that 
500° is a suitable outgassing temperature for expelling sor- 
bate from magnesium oxide and is as efficient as higher tem­
peratures without the danger of sintering. For the purpose 
of standardization, care was taken in all cases to ensure 
that the dehydration temperature was attained in one hour 
and that the specimen was kept at that temperature for 5 
hours. On account of the relatively slow sorption of water 
vapor on magnesium oxide, an interval of 24 hours was 
allowed between successive measurements. Repeated ex­
periments have shown that this interval is sufficient to en­
sure equilibrium conditions from the vapor phase.

Results and Discussion
The sorption of water vapor at 35° on the speci­

mens of magnesium oxide prepared by the dehy­
dration of brucite at various temperatures gives 
sigmoid isotherms which invariably attain limiting 
sorption values at saturation vapor pressure. 
Curves A in Figs. 1-3 illustrate the results of ex­
periment in the case of MgO(II), MgO(IV) and 
MgO(VI), respectively, and show the relation be­
tween the amount of sorbed water vapor s, ex­
pressed in moles per mole of oxide, as a function of 
the equilibrium relative vapor pressure p/po.

Fig. 1.— Sorption isotherms of water vapor on MgO(II), 
dehydrated at 500°: A, sorption; C, desorption; B, resorp­
tion at 35°.

(16) S. J. Gregg, J. Chem. Soc., 561 (1946).



638 R. I. R a z o u k  a n d  R. Sh. M i k h a i l Vol. 59
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Fig. 2.— Sorption isotherms of water vapor on MgO(IV), 
dehydrated at 800°: A, sorption; C, desorption; B, re­
sorption, at 35°.

0 0.2 0.4 0.6 0.8
P/Po-

Fig. 3.—Sorption isotherms of water vapor on MgO(VI), 
dehydrated at 1020°: A, sorption; C, desorption; B, re­
sorption, at 35°.

It has been found that the quantity of water 
taken up by the oxide at saturation vapor pressure 
depends very little on the dehydration temperature 
so long as it is below 650°. In case of MgO(I), the 
saturation value amounts to 0.9535 mole per mole 
of oxide, on the assumption of a completely dehy­
drated brucite, as compared with one mole per mole 
if complete rehydration of the oxide takes place. 
The difference between these two values may be 
accounted for by the incomplete dehydration of 
brucite at 350°. Indeed, it has been observed that 
dehydration at 350° does not convert all brucite 
into periclase but that the reaction comes to a 
standstill at 3-5%  short of completion.3'17 Heat­
ing at 500° for five hours brings about complete 
dehydration, and the saturation point for MgO(II) 
thus obtained reveals an uptake of 1.002 moles per 
mole, indicating complete rehydration with very 
little extra adsorption. The amount of water 
sorbed at saturation by MgO(III) is 0.9936 mole 
per mole, showing also almost complete rehydra­
tion.

On the other hand, raising the temperature of de­
hydration above 650° diminishes the uptake of wa­
ter considerably. Thus the maximum amount of wa-

(17) II. Iudim ika, Geol. Hoc. Japan, 48, 244 (1941); W . 10itel and 
if. Kedesdy, Abhandl. Pre.-uss. A had. I Tins'. , 5, 13 (1943); P. Jolibois 
and M. HergA.s, Com pl. rend., 224, 78 (1917); Th, Duvnl and (\ Duvol, 
Anal. ('him . A d a , 2, 45 (1948).

ter taken up by MgO(IV) at saturation is 0.8071 
mole per mole, whereas the values for MgO(V) and 
MgO(VI) are only 0.7037 and 0.3371 mole per mole, 
respectively. Finally the oxide obtained by the 
dehydration of brucite at 1100° for five hours seems 
to be completely inert or “ deadburnt” and has no 
ability to take up even the smallest measurable 
amount of water. This temperature is well below 
the corresponding temperatures recorded by most 
of the earlier investigators, and is probably charac­
teristic of the oxide prepared from native brucite, 
which is usually formed under severe conditions, 
and not of the oxide obtained from precipitated 
hydroxide or from carbonate. Curve A of Fig. 4 
shows the relation between the maximum amount of 
water taken up from the vapor phase by the oxide 
and the dehydration temperature.

Fig. 4.— Effect of temperature of dehydration on (i) the 
amount sorbed at saturation vapor pressure (circles), and 
(ii) the amount retained after outgassing at 35° (crosses).

On following desorption down to thorough evacua­
tion at 35°, a series of graphs illustrated by curves C 
of Figs. 1-3 is obtained. Appreciable hysteresis 
takes place and a large proportion of the quantity 
of water taken up by the oxide is not driven off by 
outgassing at this temperature. A similar behav­
ior has been observed in other systems such as the 
silica- and alumina-water systems.18 The water 
retained on evacuation at 35° by the various spec­
imens is as follows: MgO(I), 6.3554; MgO(II),
0.3437; MgO(III), 0.3359; MgO(IV), 0.2709; 
MgO(V), 0.2365; MgO(VI), 0.1124 mole per mole. 
These values indicate that the amount of water re­
tained by the oxide after outgassing at room tem­
perature is almost the same for oxides prepared at 
or below 650°, but diminishes regularly with rise

(18) K. 8. Rao, T h is J o u r n a l , 45, 513 (1941); I). Papue, 
rend.. 234, 952, 253*> (1952).

Compl.
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of temperature when dehydration takes place above 
650°. This is made clear from curve B of Fig. 4. 
It is of interest to note that when the retained wa­
ter is related to the water taken up at saturation 
vapor pressure it represents almost the same frac­
tion, viz., 37.3% for MgO(I), 34.4% for MgO(II), 
33.8% for MgO(III), 33.6% for MgO(IV), 33.5% 
for MgO(V) and 33.3% for MgO(VI).

This retained water, however, could be expelled 
by raising the outgassing temperature. In case of 
MgO(I), for example, it is found that raising the 
temperature to 100° does not lead to further loss of 
water, but outgassing at 200° results in a loss of 
about 9%, whereas heating to 350° expels almost 
all the water held by the oxide.

When the magnesium oxide with its retained 
water is next exposed to the vapor of the latter, re­
sorption takes place giving rise to sigmoid isotherms 
also as is illustrated by curves B in Figs. 1-3. 
These resorption isotherms end at saturation vapor 
pressure with the same sorption values obtained 
on the originally dehydrated brucite. The desorp­
tion-resorption cycle represented by curves B and 
C in Figs. 1-3 is perfectly reproducible and does not 
show any drift with time, so that it represents states 
of real equilibrium.

This definite and reproducible hysteresis appears 
in contrast with the results of Giauque and Archi­
bald19 on the decomposition pressure of Mg(OH)2, 
for they obtained the same pressures when equilib­
rium was approached by raising or lowering the 
temperature, and, therefore on dehydration and re­
hydration. It may be that the system behaves in 
a different way at the higher temperatures used by 
those authors. As a matter of fact, some cases are 
known for which the hysteresis loop diminishes in 
size with rise of temperature.20 Attempts are be­
ing made at the present to investigate the effect of 
temperature on the sorption of water vapor by 
magnesium oxide and on the hysteresis loop.

Unlike most hysteresis cases in sorption phenom­
ena, the desorption isotherms of water vapor on 
magnesium oxide do not meet the original iso­
therms at zero pressure, while the reproducible de­
sorption-resorption loop does not close at the lower 
pressures and even the isotherms approach each 
other at definite angles when the equilibrium pres­
sure becomes zero. Under these conditions it be­
comes difficult to explain the hysteresis in terms of 
the familiar theories based on capillary condensa­
tion,21 and, indeed, rough estimate of the pore size 
distribution from the desorption isotherms with 
the aid of Kelvin’s equation gives a very small value 
for the most probable pore size, and indefinitely 
small values for the pore radii at the lowest pres­
sures. On the other hand, the generalized domain 
theory of hysteresis developed by Everett22 may 
account for the phenomenon. According to Ever-

(19) W. F. Giauque and R. Archibald, J. A m . Chem. Soc., 59, 561 
(1937).

(20) A. G. Foster, T his J o u r n a l , 55, 638 (1951).
(21) A. G. Foster, Trans. Faraday Soc., 28, 645 (1932); L. H. Cohan, 

J . A m . Chem. S oc., 60, 433 (1938); E. O. Kraemer, “ Treatise on Physi­
cal Chemistry,”  John W iley and Sons, Inc., New York, N. Y ., 1931; 
J. W. Me Bain, J . A m . Chem. Soc., 57, 699 (1935); K. S. Rao, T his 
Jo u r n a l , 46, 500 (1941); S. M . Katz, ibid., 53, 1166 (1949); etc.

(22) D. If. Everett and W. I. W hitton, Trans. Faraday Soc., 48, 
749 (1952); 1). If. Everett, and F. W. Smith, ibid., 50, 187 (1954).

ett, hysteresis is in general due to the existence of a 
very large number of independent domains at least 
some of which can exist in metastable states, and 
to the persistence of these metastable states in the 
change of either one physical state to the other or in 
both changes. Such is the state of affairs in the 
present system when the hydroxide is dehydrated 
and the oxide rehydrated. It is expected that dur­
ing the dehydration of brucite, the formation of the 
periclase lattice results in a high degree of strain. 
The domains may thus be related to the presence of 
cracks and faults in the structure of the original 
solid as well as to the state of strain created by the 
formation of a new phase possessing a different 
molar volume and a different crystalline structure. 
Furthermore, at the lower temperatures of dehy­
dration, the strain is usually the greater, and so 
would be the extent of hysteresis; but as this tem­
perature is raised, the strain becomes less and so 
also the hysteresis. Inspection of the hysteresis 
loops in Figs. 1-3 confirms this view.

The appreciable hysteresis and its persistence 
down to the lowest equilibrium pressures, together 
with the stoichiometric uptake of water at satura­
tion vapor pressure by the oxides prepared below 
650°, indicate that the process is not a simple sur­
face phenomenon. It seems that the exposure of 
magnesium oxide to water vapor leads firs* to the 
adsorption of water molecules on the external sur­
face of the oxide and then to their penetration into 
the lattice of the latter. The molecules which pene­
trate through the solid then get attached in some 
form of binding, probably to oxygen ions, in a 
stoichiometric ratio. However, the strength of 
binding does not seem so be uniform for all mole­
cules, and it appears that a fraction, about one- 
third. is very firmly held so that it cannot be ex­
pelled by evacuation at room temperature. The 
remaining two-thirds are held up by weaker forces 
so that extensive outgassing at room temperature 
results in the removal of this water from the oxide.

This picture seems in harmony with the recent 
work of Garrido23 who concluded from his study of 
the structural changes accompanying the dehydra­
tion of brucite by means of X-ray measurements, 
that dehydration gives rise to crystallites having 
two different lattices corresponding to two orienta­
tions in which two planes are identical and parallel 
to two planes of brucite, while the third is dif­
ferent in each case. Garrido found further that de­
hydration at 500° results in about 75% of crystal­
lites possessing orientation I and about 25% pos­
sessing orientation II. It is natural that the forces 
of binding of the water molecules in the crystallites 
are characteristic of the state of orientation. Ac­
cording to Garrido, the ratio in which crystallites 
of the two orientations exist is 3:1, a value which 
approaches the ratio between the amount of water 
which is loosely held by the oxide and that which is 
retained, viz., 2:1. This indicates that the water 
molecules taken up by crystallites possessing orien­
tation II are held in the magnesium oxide lattice by 
forces which are much stronger than in crystallites 
of orientation I. The difference between the two 
ratios is not unexpected in view of the different con­

(23) J. Garri lo, Ion, 11, 20«, 453 (1951).
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ditions of dehydration, for it has been found that 
both the temperature of dehydration and also its 
duration are effective in determining the properties 
of active solids.24

In case of oxides which are prepared at tempera­
tures above 650°, the amount of water taken up at 
saturation does not correspond to the stoichiomet­
ric requirements for Mg(OH)2, although the ratio

(24) S. J. Gregg, J. Chem. S o c 3940 (1953); also unpublished work 
from this Laboratory.

between the loosely held water and the retained 
water still remains about 2:1. It is probable that 
as a result of dehydration at the higher tempera­
tures only a fraction of the oxide, in its two forms 
of orientation, remains active and capable of bind­
ing with water molecules, the other fraction having 
lost this ability through sintering. The proportion 
of active oxide diminishes with rise of temperature 
until the oxide becomes completely “ deadburnt” at 
1100°.
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The apparent osmotic coefficients of citric acid solutions at 25° have been determined up to saturation by the isopiestic 
method. By making allowance for the ions present the osmotic and activity coefficients for the citric acid molecule have been 
determined to 1.1 molal. The degree of dissociation has been found by conductivity measurements which were corrected 
for viscosity effects, involving density measurements, viscosity measurements and conductivity measurements of hydro­
chloric acid in varying concentrations of citric acid. The solubility, heat of solution and partial molal volume have been 
calculated. K m for the first dissociation has been calculated up to 1.1 M, using the activity coefficients for the citric acid 
molecule obtained in this work.

Introduction
This work was undertaken at the suggestion of 

Professor H. A. Krebs to provide thermodynamic 
data for citric acid solutions. The vapor pressures 
obtainable by the isopiestic method do not alone 
provide complete information on the activity coef­
ficients of the undissociated molecule owing to the 
appreciable ionization of the acid; hence conduc­
tivity measurements were also made so that a cor­
rection for the ionization could be applied.

Experimental
Preparation of Solutions.— Crude anhydrous citric acid 

was prepared from the monohydrate by heating at 100-102° 
in an air oven for several days. Analytical reagent quality 
citric acid monohydrate was then placed in a vacuum desic­
cator over the anhydrous acid until the monohydrate attained 
constant weight. A sample of acid obtained from Professor 
Krebs was so treated and analyzed for purity by poten- 
tiometric titration against carbonate-free sodium hydroxide 
solution and found to be within 0.1% of the monohydrate 
composition. Solutions were prepared from the monohy­
drate by weighing the required quantity and dissolving in 
doubly distilled water of specific conductivity 1.1 X 10 -a

T able I
Isopiestic Solutions of C itric A cid and Sodium Chlo­

ride at  25°
nii, molality of anhydrous citric acid, m2, molality of sodium 

chloride.
mi rriì mi 7712 mi mz

0.2093 0.1209 1.2264 0.7168 5.424 3.565
.2094 .1209 1.697 1.012 5.532 3.641
.2111 .1222 1.751 1.048 5.801 3.824
.3084 .1766 2.359 1.441 6.000 3.956
.3914 .2246 2.651 1.638 6.714 4.445
.5390 .3105 2.667 1.644 6.954 4.597
.5427 .3113 2.721 1.680 7.619 5.034
.6479 .3730 3.154 1.975 8.055 5.308
.7794 .4496 3.855 2.460 8.245 5.433
.8741 .5055 4.486 2.904 8.487“ 5.588

1.0465 .6088 5.163 3.382 8.560 5.636
° Saturated solution.

ohm-1 cm .-1. More dilute solutions were prepared by 
dilution of a concentrated stock solution. In no case were 
solutions kept more than two weeks.

Isopiestic Measurements.—These were made by the usual 
method1 against sodium chloride as reference solute, the ex­
perimental results being given in Table I. Points below 
0.2 M  citric acid were obtained but could not be reproduced 
with satisfactory accuracy and are therefore not included. 
The isopiestic sodium chloride solutions in these cases were 
below 0.1 M  which is normally considered the lower limit 
of the method.

Conductivity Measurements.— These were made with a 
conventional a.c. bridge circuit, with Wagner earth, at 500,

T able II
(a ) M olar C onductivities of C itric A cid Solutions at 

25°
c, concn., moles/1.; Aapp, apparent molar conductivity; 

ACOr, molar conductivity cor. for the effect of the second dis­
sociation.

c Aapp Acor
0.01799 72.16 71.81

.04493 47.57 47.43

.06420 40.12 40.02

.1122 30.58 30.53

.1603 25.46 25.43

.2803 18.85 18.84

.4004 15.26 15.25

.7000 10.46 10.451
1.000 7.79 7.788

(b ) C onductivities of 0.1004 N  H ydrochloric A cid in 
C itric A cid

c, concentration of 
specific conductivities;

citric acid in moles/1.; ksp, obsd. 
Ahci, conductivity of hydrochloric

acid, cor. for the presence of the ions from citric acid
c Ksp Acor

0 0.03928 391.2
0.2 .03765 367.5

.5 .03506 332.3

.7 .03320 308.8
1.0 .03041 274.9

(1) R. A. .Robinson and D, A. Sinclair, J. A v i. Chem. Soc., 66 ,  1830 
(1934).
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1000 and 2000 e.p.s. The bridge had been calibrated and 
had a p-icision of better than 0.05%. The conductance 
cells were of standard design with cell constants (1) 0.5235 
and (2) 6.217 cm .-1. They were calibrated with both 0.1 
and 0.01 D potassium chloride solutions using the Jones 
and Bradshaw standards.2 An oil thermostat controlled to 
±0.005° was used for the conductivity wrork. The ob­
served conductivities are given in Table II. The solvent 
correction was ignored as is usual for acid solutions.

Density Measurements.— These were made using a simple 
pyknometer of 20-ml. capacity, the experimental results 
being given in Table III. The reproducibility was ± 5  X  
10“ 6 in the density and the equation

d26< =  0.99707 +  0.07700m -  0.00774m2 (1)
fits the observed values with a mean deviation of ±0.00004.

T a b l e  III
D e n s it ie s  o p  C it r i c  A c id  S o l u t io n s  a t  2 5 °  

m, molality of anhydrous citric acid; w, weight %  of 
anhydrous citric acid; doaic- — dobs, deviation of obsd. 
value from that calcd. by eq. 1.

m W d*h dcalc- — dob.-
0.09931 1.8722 1.00471 -0 .00007

.2011 3.7022 1.01222 +  .00006

.2824 5.1469 1.01820 .00000

.4064 7.243 1.02717 +  .00005

.5913 10.202 1.03989 .00000

.8491 14.248 1.05693 -  .00006
1.2415 19.258 1.08074 .00000

Viscosity Measurements.—These were made using an 
Ostwald viscometer calibrated with doubly distilled water 
and 20% sucrose. The absolute viscosity of water was 
taken as 0.8937 cp. and that of the sucrose as 1.704 cp .3 
Times of outflow were in the range 620-960 sec. and agreed 
to ±0 .1  sec. Repeated filtration through sintered glass was 
necessary to obtain this reproducibility. The experimental 
results are given in Table IV.

T a b l e  IV
R e l a t iv e  V is c o s it ie s  o f  C it r ic  A c id  S o l u t io n s  a t  25° 

m, molality of anhydrous citric acid; i)/ij°, viscosity relative 
to water.

m v/m m v/w
0.12092 1.0539 0.7533 1.3753

.2089 1.0948 .9489 1.4885

.3999 1.1875 1.2602 1.6802

Apparent Osmotic Coefficients.—These have 
been evaluated from the osmotic coefficients of 
Robinson for sodium chloride.4 The values, given 
in Table V, are computed with disregard for the 
ionization of the acid.

Osmotic and Activity Coefficients for the Undis­
sociated Citric Acid Molecule.—These are ob­
tained essentially by making allowance for the ef­
fect of the ions present, which demands a knowledge 
of the degree of dissociation, this being obtained 
from the conductivity data as follows.

(1) A value of A0 for citric acid is assumed. The 
correctness of this assumption is then tested by 
calculating the first dissociation constant and com­
paring with the value obtained thermodynamically 
by Bates and Pinching.6

(2) Values of the degree of dissociation a may 
then be found from A0 and the conductivity data,

(2) G. Jones and B. C. Bradshaw, J. A m . Chem. >She., 55, 1780 
(1933).

(3) E. C. Bingham and R . F. Jackson, B u ll. B ur. Standards, 14, 59 
(1918).

(4) R . A. Robinson, Trans. R oy. Soc. N . Z ., 75, 203 (1945); R . H. 
Stokes and B. J. Levien, J. A m . Chem. Soc., 68, 333 (1946).

(5) R. G. Bates and G. D. Pinching, ibid., 71, 1274 (1949).

T a b l e  V
A p p a r e n t  O s m o t ic  C o e f f ic ie n t s  o p  C it r i c  A c id  S o l u  

t io n s  a t  25°
m, molality of anhydrous citric acid; <t>, apparent os 

motic coefficient of citric acid (computed as a non-electro
lyte).

m 0 m
0.2 1.077 1.1

.3 1.062 1.5

.4 1.059 2.0

.5 1.057 2.5

.6 1.058 3.0

.7 1.060 3.5

.8 1.062 4.0

.9 1.066 4.5
1.0 1.071
“ Saturated solution.

0 m 0
1.076 5.0 1.390
1.103 5.5 1.431
1.137 6.0 1.467
1.176 6.5 1.503
1.217 7.0 1.537
1.260 7.5 1.570
1.303 8.0 1.600
1.347 8.487° 1.629

making due allowance for the effect of change in 
viscosity of the solutions. This effect is deter­
mined by separate experiments.

(3) Knowing a, the correction to the apparent 
osmotic coefficient may be made, giving the os­
motic coefficient of the molecule.

(4) The activity coefficient of the molecule may 
be calculated from the osmotic coefficient of the 
molecule.

(5) These activity coefficients may be confirmed 
by the computation of K m.

(1) Xo for the hydrogen ion is known, 349.816, and 
Xo for the citrate ion was assumed to be the same as 
that for the picrate ion, 30.39.7 This assumption 
appears not unreasonable, since the ions C6H7O7-  
and C6H2N3O7- , respectively, are of closely com­
parable size and both present a large number of 
oxygen atoms in any encounter with other mole­
cules.

If A° has been chosen correctly then the first 
ionization constant should extrapolate to the known 
correct value, since any effects due to increase in 
viscosity, neglect of molecule activity coefficients 
and any inadequacies in conductivity theory will be 
approximately linearly dependent upon concen­
tration. However it is necessary to make allow­
ance for the ions produced by the second dissocia­
tion. Since the concentration of products of the 
second stage of dissociation must be nearly constant 
at 1.7 X 10- 6  molar (K¿ =  1.73 X 10- 6 ) 6 in virtue 
of the much larger and nearly equal concentrations 
of H+ and H2Cit-  ions arising from the first stage, 
a constant correction estimated at 7 X 10~6 ohm - 1  
cor. - 1  was applied to ad the measured specific con­
ductivities. This correction was only 0.6% in the 
most dilute solution studied and was less than
0 .2 %  above 0 . 1  molar.

Using the corrected values of A a crude value for 
a may be obtained from the conductivity ratio A / 
A°, but it is better, once the first estimate of ionic 
concentration has been made to compute the equiv­
alent conductivity of the free ions, A¡, by means of 
the equation8

(B  iA° +  B2)^/c{
1 +  BIVci ( 2 )

(6) B. B. Owen and F. H . Sweeton, ibid., 63, 2811 (1941).
(7) H . M. Daggett, E. J. Bair and C. A. Kraus, ibid., 73, 799 (1951).
(8) R. A. Robinson and R. H. Stokes, ibid., 76, 1991 (1954).
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T a b l e  V I
P r e l im in a r y  C a l c u l a t io n s  to  C h e c k  A0 = 380.2

c, concn., moles/1.; ACOr, molar conductivity cor. for the effect of second dissociation: a ’, a", first and second approxima­
tions to the degree of dissociation; c-,', c", first and second approximations to the concn. of ions present; Ai, equiv. con­
ductivity of ions H + and H2Cit~ at the ionic concn., c\) y ± ,  mean ionic activity coefficient calcd. by eq. 3.

c Acor
Acor

“  =  T V Ci Ai

II

— 
O

C i' v K '  X W

0.01799 71.81 0.1890 0.003400 372.16 0.1930 0.003472 0.8828 7.331
.04493 47.43 .1248 .005607 370.18 .1281 .005765 .8537 7.218
.06420 40.02 .1053 .006760 369.33 .1084 .006959 .8420 7.124
.1122 30.53 .08034 .009014 367.91 .08298 009310 .8225 6.930

where a =  ac =  (A/A,)c and & is taken as 5 A. 
This equation is used since it has been shown to give 
a better representation of the change of A0 with 
concentration than the Onsager limiting law. By 
using successive approximations for Ci a final esti­
mate of a is obtained, and using activity coeffi­
cients for the ions present, obtained from the 
Debye-Huckel equation

log y «  -  log +  (3)

where A =  0.5091. K ' is obtained.
Ci =  0.031 was the maximum value for the ionic 

concentration encountered and therefore the use 
of both equations 2 and 3 is perfectly valid. Since 
the effective size of the H2Cit“  ion should be 
greater than that of the chloride ion and since hy­
drochloric acid requires & =  4.49 and ion size param­
eter of d =  5 was chosen for citric acid. However 
the results are not very sensitive to the choice of 
this parameter.

A plot of log K' against c is shown in Fig. 1. The 
extrapolated value gives K c =  7.41 X I0“ 4 which 
agrees very well with K c — 7.43 X 10~4, the value 
corresponding on the molarity scale to the Bates

Pig. 1.— Extrapolation for first, dissociation constant at 25°.

and Pinching5 molality scale value of 7.45 X 10“ 4 
obtained from electromotive force measurements. 
It is also interesting to note that if A° were as­
sumed to be 382, K ' at c — 0.01799 would be 7.24 X 
10~4 so that the estimated value X° =  30.39 for the 
H2Cit~ ion must be very nearly correct.

Since the above calculations were made purely as 
a check of the correctness of A° =  380.2, only the 
data for the four most dilute solutions were used. 
The calculations for these points are summarized in 
Table VI.

(2) The values of a obtained in the above calcu­
lations are not the true values in any solutions in 
which the viscosity is different from that of pure 
water. It is known that viscosity has a marked 
effect on conductivity but the exact form of the cor­
rection necessary is not known. Preliminary calcu­
lations in which the molar conductivities were mul­
tiplied by the appropriate viscosity ratios led to 
unsatisfactory values for a. In short it seemed 
that the relationship of decrease in conductivity to 
increase in viscosity was not a simple one. Conse­
quently the effects of the presence of undissociated 
citric acid on the conductivity were determined ex­
perimentally as outlined below.

The conductivities of 0.1 N  hydrochloric acid in 
water and in varying concentrations of citric acid 
were measured, the assumption being that the ef­
fect of undissociated citric acid is the same on hy­
drochloric acid as on the ions of citric acid (H+ and 
H2Cit%. This assumption should not be far wrong 
since about 90% of the conductivity is due in each 
case to the hydrogen ion. One must however allow 
in the total conductivity for the conductivity due to 
the H+ and H2Cit“  ions from the citric acid.

Taking the case of 0.1004 N  hydrochloric acid 
(hereafter referred to as 0.1 N  for brevity) in 0.7 
molar citric acid as a concrete example, with A / =  
7.43 X 10-4 5 and y± =  0.80 (the value for 0.1 N 
hydrochloric acid in water)10 

,r(0.1004 +  x) 7.43 X 10-*
0.7 r = 0.04----- = X 10 <4)

where x is the concentration of the ion H2Cit~, x is 
found to be 7.45 X 10~3 moles/1. In the next step, 
that of finding the equivalent conductivity of the 
ions arising from the citric acid, the validity of re­
ducing A° for citric acid in the same ratio as A° for 
hydrochloric acid seems justified for the reason 
mentioned above.
(Xr+ +  XhjCUtV lV HC1 = A°H3Cit X '’.'A HC-

A"hci

___________  = 380.2 X 391.2/426.1
(10) H. S. Harned and B. B. Owen, “ The Physical Chemistry of 

Electrolytic Solutions,”  Rcinhold Publ. Corp., New York N. Y ., 1950, 
p. 547.(9) R . II. Stokes, J . Am . Chem. Soc., 76, 1988 (1954).
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This would hold good in water, but the presence 
of the undissociated citric acid molecules will reduce 
the value still further in the same ratio as the con­
ductivity of 0.1 N  hydrochloric acid is reduced by 
the presence of the citric acid. Since at this stage 
we are concerned only with computing a small cor­
rection term, the uncorrected equivalent conduc­
tivity of 0.1 JV HC1 in the 0.7 molar citric acid can be 
used as an adequate approximation, giving

A h+ +  XHjCicdo.uv hci = '180 X  X  .jgj = 295
-10.7 molar HgCit

that the osmotic coefficients of the ions are similar 
to those of any other 1 - 1  salt at the same ionic con­
centration. Using therefore a plot of <j) against m; for 
sodium chloride, 11 <fcat nn were read off, and hence 
from the above equation 0 moiecuie at m(l — a), i.e., 
wimoiecuie were calculated. The results for sodium 
chloride were taken since they were available at 
the low concentrations required, but at these low 
concentrations it would not matter for the purposes 
of this correction whether sodium chloride or some 
other 1 - 1  salt is used. The results are given in Table 
VIII and plotted in Fig. 2 . The lowest point does

where 331 is the uncorrected A value for 0.1 N  HCI 
in 0.7 molar citric acid. In the general case

(Ah+ +  XH2Cit)o.lW HCI =  A°H,Cit X

-f y molar HgCit

A uncor
A°hci

(5)

The specific conductivity due to the citric acid 
ions can then be calculated and leads finally to A 
for the hydrochloric acid, as may be shown by con­
tinuing the above example. If (A h + +  Xmcit) = 
295 and x =  7.45 X 10“ 3 moles/1. then the con­
tribution of the citric acid ions to the specific con­
ductivity is 0.00220 ohm 1 cm.“ 1. But the meas­
ured value of ksp is 0.03320. Hence 

k™  =  0.03100 
Chci = 0.1004 N

and
Ahci =  308.8

These results are shown in Table lib . We are now 
in a position to correct the molar conductivities of 
pure citric acid for the effect of viscosity. The 
77/ 770 values corresponding to the required citric acid 
concentrations were read off from a graph con­
structed from the values in Table IV and next the 
Amo/Amcit ratios at these values from a graph of 
log 77/770 against log A h2o/A h3ch- Once the ap­
parent A had been modified by the “ A factor,” a 
was calculated in the way outlined in section (1). 
The values of a are given in Table VII.

(3) The next step, to calculate the contribution 
to the osmotic coefficient due to the ions, necessi­
tates first a knowledge of a at round molalities 
since the apparent osmotic coefficients were avail­
able at molalities and not molarities. These can be 
obtained by graphical interpolation, invoking the a 
results in Table VII and the densities in Table III.

T a b l e  VII
D e g r e e  o f  D isso ciation  o f  C it r ic  A cid So lu tions  

c, concn., moles/L, a, final value for degree of dissociation.
C a  c a

0.01799 0.1940 0.2803 0.05632
.04493 . 1299 .4004 .04769
.00420 .1106 .7000 .03653
.1122 .08590 1 .000 .03080
.1603 .07310

The subsequent procedure involves two assump­
tions (a) that the apparent osmotic coefficients are 
made up as

<pilpp 711 — d ( l  iyJ 1“ 2̂ >jW.j (9 )

i.e., that the logarithms of the water activities due 
to the molecule and to the ions are additive and (b)

T a b l e  VIII
Osm otic  an d  A c t iv it y  C o e f f ic ie n t s  of th e  C it r ic  A cid 
M o l e c u l e . F ir s t  D isso c ia tion  C o n st a n t  fo r  C it r ic  

A cid

m, molality of anhydrous citric acid; a, degree of dissocia­
tion; OTmoi =  7ra(l — a), molality of citric acid molecule; 
<£mol, osmotic coefficient of the citric acid molecule; 7m„i, 
activity coefficient of the citric acid molecule; Km, first dis­
sociation constant (on molality scale) of citric acid.

m a Wlmol 0mol Tmol K m X  10*

0.2 0.0663 0.1866 1.016 1.014 7.51
.3 .0556 .2833 1.011 1.022 7.51
.4 .0490 .3804 1.015 1.030 7.54
.5 .0442 .4779 1.017 1.038 7.49
.6 .0410 .5754 1.022 1.045 7.57
.7 .0382 .6733 1.026 1.053 7.51
.8 .0359 .7713 1.031 1.062 7.44
.9 .0342 .8692 1.036 1.072 7.45

1.0 .0328 .9672 1.043 1.082 7.48
1.1 .0313 1.0656 1.049 1.095 7.34

not seem satisfactory but in view of the number of 
isopiestic results obtained in that region one hesitates 
to ascribe the discrepancy entirely to experimen­
tal inadequacy. At the same time it does occur 
near the lower limit of the isopiestic method.

Fig. 2.— Osmotic, coefficient of molecular citric acid at 
25°: top curve, sucrose; middle curve, citric acid; bottom 
curve, glycerol.

(4) The activity coefficients of the molecule were 
calculated from the osmotic coefficients of the mole­
cule, ignoring the lowest point and extrapolating 
the curve to the theoretical limit of unity at zero

(I I )  G. J. Junz and A. R. Gordon, J. A m . Chem. tioc., 65, 218 (1943).



Julian H. G ibbs Vol. 59644

concentration. The results are given in Table VIII.
(5) Every quantity except y± necessary for the 

calculation of K ‘m has now been obtained, and this 
at the required m; was taken from the data for hy­
drochloric acid.10

a2my±i
(1  — a ty m ol

(7)

is given in Table VIII. The mean value is 7.49 X 
10-4 which compares very favorably with the 
value of 7.45 X 10-4 obtained from e.m.f. measure­
ments by Bates and Pinching.6

Solubility.—The solubility was calculated from 
the isopiestic results at saturation by the method of 
Scatchard, Hamer and Wood.12 The composition 
of the saturated solution is 61.99% by weight or 
8.487 M. This compares very well with the figure 
of 62.03% found by Dalman.13

Heat of Solution.— Using the equation14 for a 
monohydratcd non-electrolyte and the tempera­
ture coefficient of solubility given by Dalman13

( 8)

the last heat of solution was found to be 7.12 kcal./ 
mole.

Partial Molai Volume.—Using the equation 
-  M  1000 4- mM dd
p2 = d d? bin (9)

(12) G. Scatchard, W . J. Hamer and S. E. Wood, J . Am . Chem. 
Soc., 60, 3061 (1938).

(13) L. IT. Dalman, ibid ., 59, 2547 (1937).
(14) À. T . Williamson, Trans. Faraday S o c 40, 429 (1944).

where àd/àm was taken as 0.07700 — 0.01548 rn 
from equation 1, the partial molal volume was cal­
culated at several concentrations in the range 0.1 to 
1 M, the results varying from 114.8 to 115.7 cc ./ 
mole. This may be compared with the value of 
124.616 for the anhydrous solid.

Discussion
The osmotic coefficients for the undissociated 

citric acid molecule are compared in Fig. 2 with the 
values given for glycerol and sucrose by Scatchard, 
Hamer and Wood.14 Citric acid lies between glyc­
erol and sucrose as might be expected purely on 
the grounds of increase in size from C3H80 3 to 
CeHsCb to C12H 22O11. All three compounds contain 
large numbers of polar groups with which to interact 
with water and the number of hydroxyl groups in­
creases from 3, to 4, to 6, which could also affect the 
osmotic coefficients in the same order.

The correctness and constancy over the concen­
tration range studied of the value derived for K m 
for the first dissociation of citric acid is a fair indi­
cation of the essential correctness of the method 
whereby the effects due to the presence of the ions 
have been eliminated.
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(15) “ Handbook of Chemistry and Physics,”  Chemical Rubber 
Publ. Co., Cleveland, Ohio, 1940, p. 745.

HYBRIDIZATION AND DIPOLE 
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Orbital hybridization, an determined by bond angle, can account for the major variations in electric dipole moment among 
the hydrides and organic derivatives of vertical series of non-metallic elements of the periodic system. This is shown by cal­
culation of the moments of purely covalent forms of such compounds.

Introduction and Model
The labor involved in even an approximate 

quantum-mechanical treatment of but a single 
property of a single simple molecule has led to the 
use of empirical schemes, involving concepts such 
as electronegativity, induction, steric repulsion, 
etc., for qualitative discussions of properties of large 
numbers of molecules. Since their relationship to 
fundamental quantum-mechanical principles is not 
clear, these treatments are often ad hoc, and they 
seldom permit quantitative calculations. Further­
more they lead to incorrect predictions in many 
cases.

It is the purpose of this article to show that the 
quite reasonable assumptions commonly made in 
both of the more fundamental, quantitative meth-

(I) Presented in part to the Division of Physical and Inorganic 
Chemistry at the 126th National Meeting of the American Chemical 
Society, New York, N. Y., September, 1954.

ods of treating valence (valence bond and molec­
ular orbital) alone provide an interpretation of 
many of the major qualitative variations in electric 
dipole moment among covalent molecules.

The assumptions are, first, that the molecular 
wave function may be compounded reasonably well 
from a small number of low energy atomic orbitals 
and, second, that the axes of these atomic orbitals 
are coincident with the axes of the singly-covalent 
bonds, if any, to which they contribute.2

The simplest application of these approximations 
is to be found among the saturated hydrogen and 
organic compounds of the covalent-bond forming 
elements of the IVth, Vth, VIth and VIIth main col­
umns of the periodic system (the non-metals), inas­
much as hydrogen and carbon orbitals may be 
taken as pure s and pure tetrahedral hybrid, respec-

(2) L. Pauling, “ The Nature of the Chemical Bond,”  Cornell Univ. 
Press, Ithaca, N. Y ., 1945, Chapter III.
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tively. It is thus only necessary to examine the hy­
bridization of the non-metal in each compound.

Examination of the literature reveals that the 
bond angles of the hydrogen compounds of the non- 
metals of groups V and VI (H3N, H3P, etc., and 
H20, H2S, etc.) decrease rapidly with increasing 
atomic number from a value near the tetrahedral 
at the second row elements (N, 0 ) to an asymptotic 
value of 90°, the latter angle being approached as 
early as the third row elements (P, S). The methyl 
compounds, on the other hand, exhibit bond angles 
which decrease much more slowly with increasing 
atomic number. The available bond angle data for 
these compounds are shown in Table I.

According to the assumption that the relevant 
atomic orbitals point in the bond directions it may, 
therefore, be concluded that the hydrogen com­
pounds lose their hybridization much more rapidly 
than the methyl (ethyl, phenyl) compounds on in­
creasing atomic number of the non-metal. This 
hybridization rule will be shown to account for 
many of the variations in dipole moment among 
the members of these series.

Although the application of these assumptions to 
the calculation of dipole moments has been effected 
in the framework of both of the accepted methods 
in valency theory, for simplicity only the treatment 
in (localized) molecular orbitals will be discussed 
here.

Lennard-Jones8 recently has shown how an anti­
symmetrized set of highly localized and “ equiva­
lent’ ’ orbitals may be obtained from a given set of 
antisymmetrized non-localized molecular orbitals. 
This provides theoretical justification for the lo­
calized molecular orbital method, which had hith­
erto enjoyed only the empirical justification in­
volved in the known chemical integrity of chemical 
bonds.

The LCAO description given by this method for 
a bond which is assumed to be localized between 
atoms A and B is

0bdA-B = C0 A +  60 B (1)
<j>A and <f>b may be hybrids of the basic s and p func­
tions of atoms A and B, respectively

0A = (cos 6bdA) (ns)A + (sin ebdA) (np)A (2) 
and similarly for <f>b.

For lone pair electrons on atom A the orbital 
description is

0IPA = (cos dpA) (ns)A + (sin eipA) (np)A (3)
The parameters a, b, ebdA and eipA are not all 

independent. The normalization condition for 
ibdA-B relates a and b so that only the “ electroneg­
ativity’’ ratio a/b is arbitrary. Then too, there are 
orthogonality conditions between orbitals of the 
type l/'bdA-B and those of the type \f/ipA so that the 
hybridization parameters ebdA and eiPA are related.

There are, therefore, two types of parameters to 
be considered, the electronegativity ratios, e.g., 
a/b, and the hybridization parameters, e.g., ebdA or
eipA.

For the determination of an electronegativity ra­
tio minimization of the molecular energy is imprac-

(3 ) J. E. Lennard-Jones, P roc. R oy. Soc. {London), A198, 1 (1949); 
198, 14 (1949).

tical because such calculations are very sensitive to 
the approximations which must be made. There­
fore, no such calculations will be performed here. 
Rather, the approach will be to discuss the proper­
ties of purely covalent structures for the molecules 
in which a =  b in all bonds. The results so ob­
tained will then be compared with experiment and 
the role of electronegativity differences inferred 
from any systematic discrepancies with experimen­
tal results which may appear.

A hybridization parameter, ebdA, is determined 
by the B -A -B  bond angle, designated by a, through 
the agency of the orthogonality condition between 
2 or 3 bond orbitals, i^bdA-B, emanating from the 
atom A. In considering this orthogonality condition 
it is only necessary to orthogonalize the contribu­
tions from atom A to the bonds, that is, the various 
<j}a, since the overlap of an orbital 4>a pointing in the 
direction of one bond with an orbital </>b  of an atom 
of type B lying along the axis of another bond will 
be small.4

The parameter eiPA is determined by the condi­
tions of orthogonality between the various \6ipA and 
between the \piPA and the ^ma- b- In the latter 
condition the various i b̂dA-B may again be approx­
imated by the appropriate </a, because of the small­
ness of the overlap between \piVA and <f>b .

Subject to these approximations, the orthogonal­
ity conditions yield quite simple relations between 
eipA, ebdA and a
4  U U » t ]  pA M i l  e ip A

2 COS 6bdA sin €bdA V 3 ( l  +  2 COS a) — 
2 I- 3 ( 1 + 2

\ ( 1 — COS a)2
for the case where A is a group V element with three
equivalent attached B groups, and
4 cos e ip A  sin <hPA cos f(l/2)/3] =

4 cos ebdA sin etdA cos [(1/2)«] =
_ / — 2 (1 +  cos a) cos a „ , , . . .2 d ----V,-----------y -----=  Fvi(a) (4a)\ (1 — cos a)2

for the case where A is a group VI element with 2 
attached B groups and an angle ¡3 between the lone 
pair orbital axes. These relations will be needed 
below.

Dipole Moments
The variations in electric dipole moment among 

the members of the vertical series of compounds in 
question are displayed graphically in Fig. 1. The 
moments of the hydrogen compounds decrease 
monotonically with increasing atomic number of the 
non-metal in a vertical series {e.g., juh,n >  mh,p >  
mh,as). On the other hand the available data on 
the corresponding methyl, ethyl and phenyl com­
pounds exhibit a maximum at the third row element 
{e.g., hr,o <  m s  >  /iR,seh

This difference between the latter variations and 
those among the hydrogen compounds is difficult 
to explain on the basis of the usual arguments con­
cerning electronegativity differences and bond 
moments. That is, the same substitutions {e.g., 
S for 0 ) cause a decrease in moment in the case of 
the hydrides and an increase in moment in the case 
of the organic compounds.

(4) J. A . Pople, ib id ., A202, 323 (1950).
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Fig. 1.— Electric dipole moments of the organic deriva­
tives and hydrides of the elements of the Vth and VIth main 
groups of the periodic system ( X 1018 c-.g.s.).

However, it has recently been emphasized in both 
the localized MO5'6 and valence bond5-7 methods 
that the unshared or lone pair electrons of the non- 
metal may make the major contribution to the 
over-all molecular moment. That is, if the orbitals 
of a lone pair bearing atom are largely hybridized, 
the lone pair electrons are not symmetrically dis­
posed about the nucleus as in pure s or p orbitals 
but are oriented outward on the side of the atom 
opposite to that containing the bonded substitu­
ents. This is the key to an explanation already 
suggested8 for the variations in dipole moment and 
basicity among these compounds. In what follows 
this explanation for the dipole moments, which is 
based on the assumptions mentioned in the intro­
duction, is given in full and illustrated with calcu­
lations.

The molecular dipole moment may be taken as 
the vector sum of lone pair moments and bond mo­
ments the magnitudes of which are defined as fol­
lows.

A lone pair moment, /upa, including the con­
tribution from 2 protons on the nucleus A as well as 
that of the unshared electron pair, is given by

Aipa = 2 e /:r Ai/'2ipA dr (5)
where x\ is the coordinate lying along the symme­
try axis of the lone pair orbital, i/upA, and is meas­
ured from the nucleus A. Substitution of the ex­
pression (3) for i/^ipA into (5) gives

(5) n . Z. Robinson, .7. Chem. P hys., 17, 11, 1022 (1949).
(6) A. B. F. Duncan and J. A. Pople, Trans. Faraday S o c ., 49, 

3, 217 (1953).
(7) E. Warlmrst and E. Whittle, N ature , 167, 767 (1951).
(8) J. H. Gibbs, J . Chem. P h ys., 2 2 ,  8, 1460 (1954).

mipa =  4e cos f,pA sin <i„A/^A(ns)A(np)Adr (6) 
a moment which is only non-zero if \plp a is a hybrid 
(both cos eipA and sin eipa 0).

A bond moment mm a- b, including the contribu­
tion from one proton on each of the bonded nuclei, A 
and B, as well as that of the shared electron pair, 
is given by

MlxlA H =  2ey’*A-B^’,bdA-Bdw (7)

where a;a- b is the coordinate lying along the axis of 
the bond A -B  and is measured from the bond mid­
point. Substitution of the expression (1) for 
'/'bdA-B, with the approximation a =  b, into (7) 
gives, after translation of the origins of the coor­
dinates appearing in the 1st 2 terms9 
Mb<u-B =  2«a2( — J~xx<I>a2 dv +  T tb^b2 dw +

2T^0a0b dy) (8)
xk now being measured from A toward B, xb from 
B, and x from the midpoint of the A -B  bond. Sub­
stitution of the expression (2) for <£a into the 1st 
term gives an expression which, like the expression 
for a lone pair moment, is zero unless (j>\ is a hy­
brid. The third term, the “homopolar bond mo­
ment,” 10 will be discussed below.

In the case where A is a group V element substi­
tution of (4) into (6) gives for the lone pair moment 

mjpav = 2eFv(a)G(A) (9)
where (7(A) has been written for the integral in
(6).

Similarly in the group VI case the resultant of 2 
lone pair moment vectors, with an angle /? between 
their symmetry axes, is given by 
MipAvi =  8e cos [(1/2) cos elpA sin eiP.\ (7(A) =

2eFvi(«)(7(A) (9a)

Now the first term in the expression (8) for the 
bond moment, jU bdA -B , may be added vectorially 
to its 2 counterparts from the other 2 bonds ema­
nating from A in the case where A is a group V ele­
ment to give, again with the invocation of (4)

-2 c n 2Fv(«)(7(A) (10)

a term which arises from the hybridization of A. 
This term may be added to that due to the hybridi­
zation of the lone pairs to give for the “ hybridiza­
tion moment”  or “ polarization” of A

MhAv = 2e(l -  a2)Fv(«X?(A) (11)
and for the group VI case

MhAvi = 2c(l — a2)FVi(o:)(?(A) (11a)
Now, as the existence of the 2nd term in equation 8 
shows, there will be terms similar to (10) [or (11) for 
the lone pair bearing atoms] for every atom in a 
molecule. However, matters are simplified by con­
sideration of hydrogen and carbon compounds. 
The hydrogen atoms contribute no non-zero terms 
of the form (10) since the His orbital is not a hybrid 
and the integral, f x h</>h2 dv, is zero. In the case of 
the carbon atoms the expressions similar to (10) 
are very nearly zero because of the approximate11

(9) C. A. Coulson, Trans. Faraday Soc., 38, 433 (1942).
(10) R . S. Mulliken, J . Chem. P h ys., 3, 573 (1935).
(11) This is not exactly true even for purely covalent bonds since 

the values of a are not quite the same for non-equivalent C bonds. 
There are small variations in the overlap integrals which arise in the 
normalization of the bond orbitals,
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cancellation of the tetrahedrally (or trigonally, in 
the case of the phenyl compounds) oriented carbon 
orbital moments.

Thus, aside from the “ homopolar bond mo­
ments”  only the “ hybridization moments” of 
the lone pair bearing elements need be considered. 
The orbital moments of a lone pair bearing element 
do not cancel one another because the lone pair or­
bitals have a full 2e of electronic charge associated 
with them whereas the bond forming orbitals of 
such an element carry only the share a2 of the full 2e 
of charge in a bond.

The functions F\-(a) and i\u(a) are shown in 
Fig. 2. They start at zero for a =  90°, the condi­
tion of pure p bonding for which in the group V 
case the lone pair is a pure s function. As the bond 
angle a increases, Fy(a) and Fyi(a) increase 
sharply. Fy(a) has its maximum at a =  101° 52', 
corresponding to sp hybridization of the lone pair 
orbital and sp5 hybridization in the orbitals contrib­
uting to the 3 bonds. Fvi(a), on the other hand, 
has its maximum at 109° 28', corresponding to 
tetrahedral or sp3 hybridization of all the atomic 
orbitals. The reason for this difference lies in the 
differing geometry of the 2 cases. The lone pair or­
bital in the group V case always lies along the axis 
of the resultant moment, the latter having its maxi­
mum when the lone pair orbital moment has its 
maximum. In the group VI case, however, there 
is a geometric factor, cos [(1/ 2)/3], for the projection 
of the two lone pair moments onto the axis of the 
resultant moment. This factor is zero for sp hy­
brids, since the two point in opposite directions 
normal to the BAB plane. This is actually the 
equivalent orbital description of the case of no 
hybridization (maximum s character in the lone 
pair) since the sp hybrids are formed by simple lin­
ear combinations of the s and p orbitals left over 
when pure p orbitals are used for the bonding. It 
occurs, of course, when a =  90°. The most favor­
able compromise, for largeness of resultant moment, 
between the magnitude of the orbital moments and 
the geometric factor projecting them onto the re-

T a b l e  I

B o n d  A n g l e s

Group V series
H Compounds CHs Compounds

H3N 107° ±  2° (CHa)aN

OTf-HOOOO

H3P 93.5° (CH:1)aP -H0OO

4°
H3As 92.0° (CHa)aAs 96° ± 5°
HaSb 91.5° (CHa)aSb

Group VI series
H Compounds CH 3 Compounds

H20  104° ±  .5° (CHa)aO 110° ±  5°
HjS 92.33° (CHahS 105° ± 5°
HjSe (CHahSe
H2Te (CHahTe

T a b l e  I I

T h e  I n t e g r a l s  (7(A) f o r  V a r io u s  A t o m s , A
(Atomic Units)

Atom  (7(A) Atom 0(A ) Atom 0(A )

N 0.740 O 0.634 F 0.555
P 1.263 S 1.112 Cl 0.994
As 1.396 Se 1.266 Br 1.158

Bond angle, a.
Fig. 2.—The functions Fy(a) and Fvi(a).

sultant axis occurs at the tetrahedral angle in this 
case.

The integrals, (7(A), are given for the atoms in 
question in Table II. Slater functions12 have been 
adopted for the radial parts of the basic s and p 
atomic orbitals in calculating these quantities. 
It will be seen that they increase with atomic 
number in a vertical series in much the same fashion 
as atomic radii, that is, rapidly at first and then 
more slowly.

This shows that a given degree of asymmetry of 
an orbital, described by the appropriate hybridiza­
tion parameter, e, will produce a greater polarity 
in that orbital if the orbital is large than if it is 
small. Thus, as shown by equations 11 for the 
atom as a whole, the hybridization moment is gov­
erned by a size effect, expressed by (7(A), as well as 
a hybridization effect manifest in Fy(a) or Fyi(a).

The “ hybridization moments,” calculated from 
equations 11 are given in Table III.13 It will be 
noted that the hydrogen compounds do not exhibit 
the very large initial increase in hybridization 
moment that the carbon compounds do on increas­
ing atomic number in a vertical series. The rea­
son for this is as follows. The large decrease in the 
hybridization effect, Fv(a) or Fyi(a), which accom­
panies the large decrease in bond angle in these hy­
drides, tends to offset the increase in the orbital size 
effect, (7(A). On the other hand, in the case of the 
organic compounds, the decrease in F\(a) or Fvi(a)

(12) J. C. Slater, P h ys. R ev., 36, 57 (1930).
(13) The values given were calculated on the basis of the central 

values for the bond angles in the cases where Table I shows a significant 
experimental error. Fortunately, the larger uncertainties in bond 
angle occur in the regions of the fiat maxima for F v(a ) and Fvi(a:). 
The same bond angles were used for H2Se and (CHu^Se as for H 3AS 
and (CH 3) 3As, respectively.
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indicated by the bond angles is too small to offset 
the initially large increase in G(A), but is adequate 
to offset the subsequent small increase in G(A). 
This is the origin of the maximum moment observed 
at the second row element.

T a b l e  III
H y b r id iza t io n  M om ents  

(X  1018 c.g.s.)
HSN 3.50 (CH 3)jN 3.41 H20  3 .14  (GH j)sO 3.22
HjP 4 .86  (CH j)3P 6 .37  ELS 3 .03  (CELLS 5.56
II3 As 4 .36  (CH 3)3As 6.53 HsSe 2 .39  (CEL)iSe 5.14

The “ homopolar bond moments” must now be 
considered. Those integrals involved in their cal­
culation which could not be found in the literature 
have been evaluated14 in prolate spheroidal (“ foot­
ball” ) coordinates, again using Slater-type atomic 
orbitals. The values of the homopolar bond mo­
ments thus obtained are given in Table IV. The 
values for bonds involving carbon have been calcu­
lated for the case of tetrahedral carbon orbitals 
only. The values for trigonal carbon would not 
be very different from these.
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Fig. 3.—Dipole moments of covalent forms calculated 
from localized MO for the organic derivatives and hydrides 
of the elements of the Vth and VIth main groups of the 
periodic system) X 1018 c.g.s.).

T a b l e  IV
H o m o po lar  B ond  M om ents  

( X 1018 c.g.s.)
H -N  - 0 .8 5  C -N  + 1 .1 5  H -0  - 0 .6 5  C -0  + 0 .2 7
H -P  - 1 .7 5  C -P  -  .44 H -S  - 1 .5 2  C -S  -  .26
H -A s - 2 .1 6  C -A s -  .75 H -Se - 1 .8 8  C -Se -  .67

As Table IV shows, the homopolar moments for 
the bonds to the lone pair bearing atoms, A, vary 
monotonically with increasing atomic number of A 
in ever increasing opposition to the hybridization 
moment of A, the sign of which was taken as posi­
tive. This variation is greater for the hydrogen 
compounds than for the carbon compounds. Thus 
these terms contribute to the downward trend of the 
moments of the hydrides and, to a lesser extent, 
to the ultimate downward trend of the moments of 
the carbon compounds.

The reason for this variation in these homopolar 
moments lies in the fact that these are principally 
dependent upon the size difference between the 
bonded atoms,10 since they are essentially a meas­
ure of the deviations of the centroids of the “ over­
lap charges”  from the bond midpoints.

The homopolar moments of the C-H  bonds 
merely contribute an essentially constant amount 
to the moments of all the members of an organic 
series.

The resultant moments obtained for the covalent 
forms when these homopolar dipole terms are added 
vectorially to each other and to the hybridization 
moments are plotted in Fig. 3. As should be ex­
pected for such crude calculations, the absolute 
values of the results are not in very good agreement 
with the experimental values. However, the varia­
tions among the members of the vertical series do 
show the correct qualitative behavior.

There are two outstanding discrepancies between 
the values obtained for the hydrides and their ex­
perimental values.

First, these “ covalent moments” show the wrong 
variation among the members of the horizontal 
series H3N, H20 ; HfP, H2S; and, for that matter, 
(CH,),N, (CH3)20 ; and probably (CH3)3P, (CH3)2S. 
This situation would almost certainly be corrected 
by inclusion of contributions from partial ionic 
character of the bonds.

Second, the values decrease so rapidly in the ver­
tical series that they actually go negative1’’ for 
some of the heavier hydrides. This is partially, at 
least, a consequence of the over-estimation of homo- 
polar bond moments in the localized molecular orbi­
tal method. The results of calculations16 on these 
compounds by the valence bond method, which 
under-estimates these terms, do not go negative in 
this fashion.

Another possible source of the latter difficulty 
may be seen in the following consideration. These 
heavy hydrides with the too-small or negative mo­
ments all have bond angles close to 903. Inspec-

(14) Tn the cases of bonds involving row 4 elements, for which the 
“ effective”  principal quantum number in the atomic orbitals is the non­
integral value 3.7, the approximation r\7 =  r\/roa3, where ?*oa is the 
covalent radius of A, has been used to facilitate the integrations in­
volved. Inasmuch as the homopolar dipole integrals only have non­
zero contributions from the regions of overlap of the atomic orbitals, 
which regions are roughly centered around r 0A,  this should not be a 
serious approximation.

(15) The possibility that the experimental values for these should be 
taken as negative may be ruled out b y  the following consideration. If 
the moments were positive fcr the lighter hydrides and negative for the 
heavier ones, the absolute values measured experimentally would show 
a minimum at one of the intermediate compounds in a vertical series. 
N o such minimum is observed in either Group V or Group V II for 
which complete sets of experimental values are available.

(16) J. H. Gibbs, unpublished results.
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tion of the curves for Fy(a) and Fyi(a) shows that 
these quantities are very sensitive functions of a in 
this region. Furthermore these compounds have 
large values of Cr(A) into which the values for Fy(a) 
and Fyi(a) are multiplied. Thus any small error 
in the value of a or in the assumption of coincidence 
of orbital axes and bond axes will lead to large er­
rors in the calculated covalent moments for these 
compounds.

The curves labeled “ carbon compounds”  apply 
not only to methyl but also to ethyl compounds, 
providing that they have the same bond angles, a, 
around the lone pair bearing atom, since, to the de­
gree of accuracy implied in the approximations 
made in these calculations, the moments of ethyl 
and methyl compounds are identical. That is, 
inductive effects17 are automatically neglected in 
the approximations that a =  b for all bonds, that all 
overlap integrals involving orbitals not bonded to 
one another are zero, and that the orbitals are com­
pletely localized. In the absence of inductive ef­
fects, the moment of an ethyl group is, of course, the 
same as that of a methyl group which in turn is 
equivalent to a single C -H  bond moment.

Furthermore, these curves also apply approxi­
mately to the phenyl compounds, again providing 
that the bond angles around the lone pair bearing 
atoms are the same as in the corresponding methyl 
cases, since the homopolar dipole terms in the para 
C-H  bonds and in the bonds between the carbon 
atoms and the lone pair bearing atoms will be ap­
proximately the same as in the analogous aliphatic 
bonds. The moments of the ortho and meta C-H 
bonds cancel by symmetry of course. Electromeric 
effects are neglected in the assumption of complete 
localization of the localized MO for the bonds to 
the phenyl rings.18

The principal discrepancy with experiment to be 
noted in these curves is the overemphasis of the 
maximum at the 3rd row element. The only ex­
perimental curve which shows such a sharp maxi­
mum is the one for the phenyl derivatives of the Vth 
group elements, and the closeness of the similarity 
between this curve shape and the calculated one is 
probably spurious for the following reason. The 
smallness of the experimental moment exhibited by 
triphenylamine is almost certainly due to phenom­
ena not allowed for in the calculations. Both steric 
hindrance and the possibility of resonance between 
the 3 phenyl groups should tend to open the central 
valence angle, a, out well beyond the tetrahedral 
value used in the calculation. Inspection of the 
curve for Fy(a) shows what this would do to the 
dipole moment. In this connection the only 
slightly larger moment of trimethylamine, 0.65 D

(17) See, for example, C. P. Smyth, J. A m . Chem. Soc., 63, 57 (1941).
(18) It has not been necessary to assume localization of the orbitals 

inside the ring since the moment due to all of these must be zero by 
symmetry. Such an assumption would not, of course, be acceptable.

(not plotted in Fig. 1 because of the unavailability 
of the moments of the rest of this methyl series), is 
of interest in view of the strain which has been pos­
tulated for this molecule as well.19 Furthermore, 
the moments of pyrrolidine and piperidine, whose 
C -N -C  valence angles can hardly be much greater 
than tetrahedral because of the geometric require­
ments of the saturated 5- and 6-membered rings, 
are much larger, 1.57 and 1.17 D, respectively.

Any further discussion of the discrepancies be­
tween calculated and experimental values seems fu­
tile in view of the approximations, such as the use of 
Slater-type atomic orbitals with screening con­
stants only known to be appropriate for isolated 
atoms, which are necessary in the calculations. For 
this reason the significance of the calculations must 
be considered as largely limited to the qualitative 
conclusions which may be drawn from them. They 
do show that the usual assumptions of valency the­
ory lead to factors and terms in the moments of 
purely covalent forms which are of the correct rela­
tive orders of magnitude for the competition be­
tween them to yield the rather surprising qualita­
tive variations in dipole moment which are ob­
served experimentally in the vertical series dis­
cussed.

So far, nothing has been said concerning the pos­
sible origin of the phenomenon of greater hybridiza­
tion in the organic derivatives than in the hydrides of 
the non-metals particularly of the 3rd and 4th 
rows of the periodic table. There is one observa­
tion which can be made on this point, however. 
The halogen compounds exhibit the same qualita­
tive dipole moment behavior as the Group V and 
Group VI series. This suggests that the qualita­
tive variations in hybridization among the members 
of the halogen series are the same as those among 
the members of the Group V and Group VI series. 
This in turn suggests that steric hindrance between 
the organic substituents is not primarily responsible 
for the large degree of hybridization retained by the 
organic derivatives of the 3rd (and 4th) row ele­
ments. Evidently the origin of this difference in 
hybridization between the organic derivatives and 
the hydrides lies primarily in the fundamental 
energetics of the process of hybridization and bond 
formation in the bonded atoms themselves.
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(19) H. C. Brown, H. Bartholomay and M . D . Taylor, J . A m . Chem. 
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Raman spectra were obtained for the liquid systems, diborane-tetrahydrofuran, diborane-dimethyl ether and diborane- 
diethyl ether. The results were in accord with the formation of an R 20 : BH3 addition complex in each system. Tetrahydro- 
furan-borine was the most stable and diethyl ether-borine the least stable of these complexes. The Raman frequencies 
were assigned to the BHSX  skeletal model, where X  represented an ether. Potential constants were calculated for this model 
of tetrahydrofuran-borine.

Introduction
The present Raman spectroscopic investigation 

is a study of the addition complex formed when di- 
borane is dissolved in tetrahydrofuran, dimethyl 
ether or diethyl ether. Evidence for complex for­
mation in these systems has appeared in the litera­
ture.2 The previous investigators demonstrated, 
at best, that the complex is formed in a ratio of one 
mole diborane to two moles of ether. However, 
from a knowledge of the chemistry of the reactants 
it seemed reasonable to most investigators to imply 
that the reaction can be represented by the general 
equation

2R20  T  11 n 1   ̂ 2R 2O : BH3

Our Raman spectral measurements justify this 
assumption. The spectral data permit a compari­
son of the stability of the three ether-borine addi­
tion complexes and the determination of force con­
stants for tetrahydrofuran-borine.

Experimental
Apparatus and Method.— A three prism spectrograph 

(manufactured by Lane-Wells), with an average dispersion 
of 22 A ./m m . in the range from 4358 to 4916 A ., was used. 
The diborane-ether solutions were maintained in a closed 
system and low temperature Raman exposures were ob­
tained by the method described by Lord and Nielsen.3

Chemicals.—The diborane was prepared by the reaction 
of lithium borohydride with boron trifluoride. The sample, 
purified by repeated fractionation, had a vapor pressure of 
225 mm. at —112° in agreement with the literature value.

The tetrahydrofuran, diethyl ether and dimethyl ether 
were dried and distilled in vacuo. The vapor pressure of the 
purified ethers agreed with the literature values.

Solutions.—The Raman spectrum of the diborane-di­
methyl ether solution was observed at two temperatures. 
The diborane-diethyl ether system was treated in a similar 
fashion. On the other hand, Raman spectra were obtained 
at the same temperature for two diborane-tetrahydrofuran

T a b l e  I
So l u t io n s , C o n c e n tr a t io n s  an d  T e m p e r a t u r e s  of 

R a m a n  D e t e r m in a t io n s

Soin.
Concn. 

B2H6/R 20 
(mole ratio) Temp., ‘

B2H6-C 4H80 1/4 -2 5
1/8 -2 5

B2H6-(C H 3)20 1/6 - 7 0
1/6 - 4 0

B2H6-(C 2H5)20 1/10 - 7 5
1/10 0

(1) Taken in part from a thesis submitted by  Henry S. Uchida in 
partial fulfillment of the requirements for the degree of Doctor of 
Philosophy, June, 1954.

(2) H. I. Schlesinger and A. B. Burg, J . A m . Chem. Soc., 60, 290 
(1938); J. R . Elliott, W . L. Roth, G. F. Roedel and I. M . Boldebuck, 
ib id ., 74, 5211 (1952).

(3) R . C. Lord and E. Nielsen, J . Opt. Soc. A m ., 40, 655 (1950).

solutions which differed in concentration. The concentra­
tions of the solutions and the temperatures at which they 
were studied are listed in Table I.

Data.— In Table II, the Raman frequencies of the most 
concentrated of the two diborane-tetrahydrofuran solutions 
studied are listed. For purposes of comparison, the Raman 
frequencies of pure tetrahydrofuran are also included in the 
table. The spectrum of the more dilute diborane-tetra­
hydrofuran solution differs only in the relative intensity of 
some of the Raman lines.

T a b l e  II
R am an  F r e q u e n c ie s  o f  a  D ib o r a n e - T e tr a h y d r o f u r a n  

So lu tio n  an d  P u r e  T e tr a h y d r o f u r a n

Diborane-Tetrahydrofuran Tetrahydrofuran
Frequency

(cm.-1) Intensity
Frequency

(cm.-1) Intensity
472 3
859 7d
917 8 911 10
976 2 1028 3

1049 5d 1068 1
1173 5 1170 0
1236 4d 1232 8
1364 1364
1450 6 1445 7
1487 5d 1487 7
2097“ 2 2261 0
2284 8
2398 9
2523“ 1 2717 0
2874 8d 2860 8d
2908 9 2909 9
2948 9d 2954 9d
2994 lOd

° Raman lines assigned to unreacted diborane.

The Raman frequencies of the solution of diborane in di­
methyl ether at the lower temperature ( — 70°) are reported 
in Table III, along with the frequencies of the pure ether. 
The effect of an increase in temperature on the spectrum 
was again a change in the relative intensities of some of the 
Raman lines.

Raman exposures were taken of the diborane-diethyl 
ether solutions, maintained at —75°, until the background 
on the photographic film became too intense to permit the 
observation of any more Raman lines. The spectrum con­
tained two weak frequencies, one at 2289 and the other at 
2 4 - 1 0  cm .-1 which are not observable in the spectra of the 
pure components. On the other hand, the spectrum of the 
diborane-diethyl ether solution maintained at 0 ° contained 
only frequencies characteristic of the pure components.

Discussion
Raman Frequencies of the Borine Complexes.—

The spectral data were analyzed and found to be 
consistent with the assumption that ether-borine 
complexes are formed. The Raman lines which 
cannot be ascribed to the spectra of the pure 
components have been abstracted from the solution
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T a b l e  I I I

R a m a n  F r e q u e n c ie s  o f  a  D ib o r a n e - D im e t h y l  E t h e r  
S o l u t io n  a n d  P u r e  D im e t h y l  E t h e r

Diborane-
Frequeney

Ccm. ' ')
dimethyl ether

Intensity
Dimethyl ether4 

Frequency Intensity 
(cm. ~*)

387 0 330 (?)
560 0 412 1
791* 0
878 4
921 6 920 5

1044 1
1092 ] 1100 0
1144 l 1150 4
1171 2
1450 7 1448 6b
2104“ 1
2115 ?
2290 4
2401 4
2525“ 1
2812 10 2810 10
2863 6 2863 6
2921 3 2916 5
2951 6 2951 4
2992 6 2986 6

“ Raman lines assigned to unreacted diborane.
spectra and are listed in Table IV. There appears 
to be a shift in the positions of some of the non-ab- 
stracted frequencies from their positions in the 
spectra of the pure ethers. However, the diffuse 
nature of these Raman lines limited the precision 
with which their positions could be measured and 
therefore it was not possible to ascribe any signifi­
cance to these differences. The 1173 cm.-1 fre­
quency of the tetrahydrofuran solution is listed in 
our table of abstracted frequencies even though it 
is coincident with a frequency in the spectrum of 
the pure ether. This was done because there is a 
marked increase in the relative intensity of this 
frequency in the spectrum of the solution as com­
pared to its relative intensity in the spectrum of the 
pure ether.

T a b l e  I V

R a m a n  F r e q u e n c ie s  o f  C o m p l e x e s  A b s t r a c t e d  f r o m  
S p e c t r a  o f  S o l u t io n s

Diborane-tetra- 
hydrofuran 
Frequencies 

(cm .-1)

Diborane-dimethyl
ether

Frequencies 
(cm. -1)

Diborane-diethyl
ether

Frequencies
(cm .“ 1)

472 387
859 560
976 878

1049 1044
1173 1171
2284 1476
2398 2290 2289
2994 2401 2410

It should be emphasized that the abstracted 
frequencies do not represent all the observed Ra­
man frequencies of the addition complexes. The 
ether parts of the complexes give rise to frequencies 
so similar to those of the unreacted ethers that these 
frequencies cannot be abstracted from the spectra 
of the solutions. One may have anticipated that 
the carbon-oxygen bonds of an ether would differ

(4) B. L. Crawford, Jr., and L. Joyce, J . Chem. P h ys., 7, 307 (1939).

appreciably from the corresponding bonds in a 
complex in which a borine group also is bonded to 
the oxygen. However, the solution spectra do 
not warrant such a conclusion.

There are noticeable similarities between the 
frequencies abstracted for the different complexes. 
Where differences are observed, reasonable explana­
tions may be advanced for their occurrence. For 
example, the arithmetic mean of the 387 and 560 
cm.“ 1 frequencies, which occur in the diborane- 
dimethyl ether spectrum, is 473 cm.“ 1. This is 
almost identical with the 472 cm.“ 1 frequency of the 
diborane-tetrahyarofuran spectrum. Later, in the 
section on assignments of frequencies, this corre­
spondence is made significant when a possibility for 
Fermi resonance in the diborane-dimethyl ether 
complex is proposed.

There are no frequencies in the diborane-di­
methyl ether spectrum similar to the two that occur 
at 976 and 2944 cm.“ 1 in the diborane-tetrahydro- 
furan spectrum. The absence of the first line may 
be simply a question of intensity. The diborane- 
dimethyl ether spectrum had an intense continuous 
background which made the detection of weaker 
lines more difficult. The second frequency corre­
sponds to an absorption band of the same magni­
tude in the infrared spectrum of tetrahydrofuran 
and therefore it may arise in the Raman spectrum 
of the complex. A similar conclusion may be 
reached for the 1476 cm.“ 1 frequency of the dibor­
ane-dimethyl ether spectrum which corresponds to 
strong absorption band in the infrared spectrum of 
the pure ether.

Although only two weak lines were abstracted 
from the diborane-diethyl ether spectrum, they 
also fit into the trend and correspond to the most 
intense abstracted frequencies in the Raman spec­
tra of the two other ether solutions.

Assignment of Frequencies.—The Raman fre­
quencies listed in Table IV are most easily dis­
cussed in terms of a postulated molecular model for 
the R20 :B H 3 complex. Consider the ether group 
as a point particle, X , attached to one of the termi­
nal positions of a tetrahedral boron atom. This 
postulated model for the H8BX molecule would be­
long to point group Civ All six normal modes of 
vibration of this model give rise to Raman active 
fundamental frequencies. Most of the abstracted 
frequencies (Table V) are assigned to normal modes 
of vibration of this postulated molecular model of 
the ether-borine complexes.

T a b l e  V
A s s ig n m e n t  o f  F r e q u e n c ie s  t o  t h e  H3B X  M o l e c u l a r  

M o d e l

Desig­ C.H,0 : (CH,),0: (C ,H s) îO
nation Description BH, BH, BH,

V\ B-H  stretching 2284 2290 2289
(in phase)

F2 H -B -H  deformation 1040 1044
(in phase)

V7, B -0  stretching 859 878
v\ B-H  stretching 2398 2401 2410

(out-of-phase)
Vj H -B -H  deformation 1173 1171

(out-of-phase)
Vfi H:,= B -0  bending 976
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There appears to be very little question about the 
assignment of the boron-hydrogen stretching fre­
quencies, v\ and vt. The magnitudes of the fre­
quencies assigned to vi are in good agreement with 
a frequency of 2290 cm.-1 observed in the Raman 
spectrum of an aqueous solution of sodium borohy­
dride6 and assigned to the symmetrical boron-hy­
drogen stretching mode of vibration of the borohy- 
dride ion. These frequencies are considerably 
lower than those characteristic of terminal hydro­
gen stretching in diborane and aluminum borohy­
dride (2500 to 2600 cm.“ 1). In the latter two cases 
the terminal boron-hydrogen bonds are most likely 
of the sp2 type while in the ether-borine complexes 
and the borohydride ion they are probably sp3 type 
bonds.

The intense Raman lines at 859 and 878 cm.“ 1 
of tetrahydrofuran-borine and dimethyl ether-bo­
rine, respectively, were assigned to boron-oxygen 
stretching on the basis of the expected magnitude of 
the frequencies characteristic of bonds between 
atoms of such mass. The spectral data available for 
comparison with our boron-oxygen stretching fre­
quency are limited; however, comparable assign­
ments at 754 and 947 cm.“ 1 have been made for 
symmetrical and antisymmetrical boron-oxvgen 
stretching, respectively, of the aqueous borate ion,6
B(OH)4.

Our assignment of frequencies to the BH3 de­
formation modes of vibration is consistent with sim­
ilar assignments in sodium borohydride7 and bo- 
rine carbonyl.8 The weak Raman line that occurs 
at 976 cm.“ 1 in the tetrahydrofuran-borine spec­
trum was assigned to H -B -0  bending; however, we 
do not have similar frequencies of other compounds 
for comparison.

The 472 cm.“ 1 frequency abstracted from the 
tetrahydrofuran-borine spectrum was not assigned 
to the H3BX skeletal model but could be character­
istic of B -O -C  bending, while the 387 and 560 cm. “ ' 
frequencies abstracted from the dimethyl ether- 
borine spectrum may arise from a Fermi resonance 
between B-O-C  and a C-O-C  bending modes of 
vibration. As mentioned in the previous section, 
the 2994 cm.“ 1 frequency of tetrahydrofuran-borine 
and the 1476 cm.“ 1 frequency of dimethyl ether- 
borine may arise from the ether parts of the com­
plexes. Thus we account for all the abstracted 
frequencies. Of course, the possibility exists that 
reasonable assignments could be made for an en­
tirely different molecular model. However, we 
were not able to find another model for which the 
frequencies could be assigned in a reasonable fash­
ion.

Potential Constants of Tetrahydofuran-Borine
A normal coordinate treatment, based on the 

H3BX skeletal model, was carried out for tetrahy­
drofuran-borine. A similar treatment was not 
made for dimethyl ether-borine, since one of the 
anticipated frequencies (>#) was missing.

(5) W. J. Lehmann, Ph.D. Thesis, Saint Louis University, 1954.
(6) J. O. Edwards, G. C. Morrison, V. F. Ross and J. W. Schultz, 

J . A m . Chem. Soc., 77, 200 (1955).
(7) W . C. Price, H. C. Longuet-Higgins, B. R ice and T. F. Young, 

J . Chem. P h ys., 17, 217 (1949).
(8) R . D. Cowan, ib id ., 18, 1101 (1950).

The valence force potential function used (similar 
to one proposed by Cleveland and Meister for 
methyl chloride9) was
2V  =  /d S (A d i)2 + / d(A D )2 +  f aZ(dAa¡)2

+  fßX(dABi)2 -j- 2/a(3[(dAßi)(dAo;i2 “b  dA<X2z)
+  (dAß^dAan  -f- dAaw) -f- (dAßz)(dAai3 T  (fAais)]

- f  2 fD2 (d A 0 A a ¡)  +  2fvß'Z(dAD Aß ¡)

In this equation d and D represent the boron-hy­
drogen and boron-oxygen distances, respectively, 
while a and ß designate the hydrogen-boron-hy­
drogen- and hydrogen-boron-oxygen angles, re­
spectively. The significance of the potential con­
stants, the / ’s in the equation, can be determined 
from the subscripts used.

The values chosen for the bond distances were: 
d =  1.31 X 10"8 cm. and D =  1.52 X  10“ 8 cm. 
These values were supplied to us by Dr. George W. 
Schaeffer of St. Louis University, who calculated 
them from covalent bond radii corrected for the 
difference in electronegativity of the bonded atoms. 
The angles a  and ß  were assumed to be tetrahedral 
for lack of more precise information. A problem 
was presented in the choice of mass for the group 
represented by the symbol X . The value obtained 
for the force constant / d , characteristic of the bo­
ron-oxygen bond, is very sensitive to the mass as­
signed. A minimum value for/D would perhaps be 
obtained if the mass of an oxygen atom was used for 
X , while the result obtained if the entire tetrahy- 
drofuran mass was used could be considered a max­
imum. Both masses were tried in separate calcu­
lations. Clearly, calculations of this type would 
be improved if it were possible to select, “ a priori,”  
an effective mass for a group treated as a point 
particle.

The six frequency equations were solved by a 
method of approximation, whereby the force con­
stants were adjusted until the left-hand and right- 
hand sides of each equation differed by only a few 
tenths of a per cent. The results of our calcula­
tions are listed in Table VI. As can be observed, 
the magnitude of the boron-oxygen stretching po­
tential constant/ d  is very sensitive to the choice of 
mass of X . The only other term which differs ap­
preciably in the two sets of values is ( / d„ — fuß) ■ 
However, the significance of this “ correction”  term 
is not too apparent. Our lower value of 3.29 X 
106 dyne cm.“ 1 for fn  appears to be closest to the 
“ best”  value. This can be seen by application of 
Gordy’s rule,10 which relates force constants to the 
bond distance and electronegativity of the bonded 
atoms. On the basis of this rule, a value of 3.74 X 
105 dynes cm.“ 1 is obtained for this force constant. 
We may consider this value as the magnitude of 
the force constant for a normal covalent boron-oxy­
gen bond. Since our skeletal treatment of tetra­
hydrofuran-borine left us with a choice somewhere 
between 3.3 and 5.4 X  105 dynes cm.-1 for the bo­
ron-oxygen force constant, we can speculate that 
the donor-acceptor boron-oxygen bond in this 
molecule is comparable in strength to a normal co­
valent boron-oxygen bond.

(9) F. F. Cleveland and A. G. Meister, “ Molecular Spectra I I , ’ ’ 
Illinois Institute of Technology, 1948.

(10) W. Gordy, J. Chem. P h ys., 14, 305 (1940).
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T a b l e  V I

P o t e n t ia l  C o n s t a n t s  o f  BH3X  M o d e l  o f  T e t r a h y d r o - 
f u r a n - B o r i n e , X 105 D y n e s  Cm. -1 

Mass of X  fD /d  f a  f ß  f a ß  / d „  — f j )ß

X  =  16.00 3.29 3.01 0.300 0.474 0.0415 -0 .3 2 0
X  =  72.10 5.40 3.01 .306 .488 .0406 -  .502

Relative Stabilities of Ether-Borine Complexes
A quantitative measure of the apparent equilib­

rium constants was not attempted, but an esti­
mate can be made of the relative stabilities of the 
ether Tori lies. The intensity, I, of a Raman line 
characteristic of a particular substance is propor­
tional to the concentration of that substance, hence

[R2OBH3] _  fcl/R;QBHa 
[BälR] W bzH.

The ratio of the proportionality constants, ki/k2, 
should depend primarily on the nature of the two 
species in solution. The intensities of the lines at 
2524, 2284, 2290 and 2289 cm.-1 were chosen as 
indicative of the concentration of diborane, tetra- 
hydrofuran-borine, dimethyl ether-borine and di­
ethyl ether-borine, respectively.

If we assume that the ratios k jk 2 are almost the 
same for all the diborane-ether systems investi­
gated, a comparison of the stabilities of the com­
plexes can be obtained. The above assumption 
appears to be reasonable, since the magnitude of the 
boron-hydrogen stretching frequency, whose in­
tensity we have chosen to be indicative of the con­
centration of the complex, remains almost un­
changed in the three ether-borines. Thus this 
bond is only slightly affected by the nature of the 
ether parts of the complexes and similarly the 
intensities of vibrations characteristic of this bond 
may be only slightly affected.

The solutions for which we were able to calculate 
“ intensity ratios”  are listed in Table VII. Calcu­

lations were not made for the diborane-diethyl 
ether system, since the observed lines characteris­
tic of the complex in this system were too weak. 
We can conclude, therefore, that diethyl ether- 
borine is the least stable of the complexes.

T a b l e  V I I

“ I n t e n s it y  R a t io s ’ ’ o f  D ib o r a n e - E t h e r  S o l u t io n s

Solution
Initial mole ratio 

B 2H 8/R 2O Tem p., °C.
/R 2 0 RH3/  
/  B2116

B 2H s-C4H80 1/4 -2 5 8
B 2H6-(C H b)20 1/6 -4 0 2
B 2H 6-(C H 3)20 1/6 - 7 0 4

The “ intensity ratio”  of dimethyl ether-borine at
— 70° is twice as large as its value at —40°. As 
anticipated, complex formation is favored by a 
drop in temperature. Even at —25° the “ inten­
sity ratio”  of the diborane-tetrahydrofuran system 
is four times as great as the value for the diborane- 
dimethyl ether system at —40°. It would be best 
to compare “ intensity ratios”  of both solutions at 
the same temperature and concentration of di­
borane. However, if the initial mole ratio of di­
borane to tetrahydrofuran was reduced from x/ 4 to 
V, and the temperature decreased from —25 to
— 40°, the “ intensity ratio”  for the diborane- 
tetrahydrofuran system should be still greater than 
8. Therefore, we can conclude that the tetra- 
hydrofuran-borine complex is the most stable of the 
ether-borines.

Thus the order of stabilities of the ether-borines 
is: C4H8OBH3 >  (CH3)2OBH3 >  (C2H6)2OBH3.
This is the same order observed11 for the analogous 
ether-boron trifluoride complexes in the vapor 
phase. This order emphasizes the predominance of 
steric to inductive effects.

(11) H. C. Brown and R. JVC. Adams, J . Am . Chem. Soc., 64, 2557 
(1942).

THERMODYNAMICS OF SODIUM CARBONATE IN SOLUTION1
By C. E dw ard  T aylor

Contribution from The Institute of Paper Chemistry, Appleton, Wisconsin 
R eceived February 14 . 1955

The thermodynamics of sodium carbonate in aqueous solution has been studied from 15 to 95°. From electromotive 
force measurements of the concentration cells Ag-Ag2C0 3 Na2CO3(0.1) NaHg Na2C0 3(m2) Ag2C0 3-A g and determinations of 
solution vapor pressures, the activity coeRcients have been calculated over a concentration range of 0.1 to 1.5 m below 
65° and 0.1 to 2.5 m at 65° and above. The relative partial molal enthalpies have been calculated between 25 and 80°.

Experimental
Concentration Cell Measurements.— The equilibrium 

e.m.f.s of the concentration cells were measured at 15, 25, 
37.5, 50 and 65°. The reference solution was 0.1 m and 
drawn from a large reservoir of constant composition. 
The value of m2 was varied from 0.2 to 1.5 m. The solu­
tions were prepared using weighed amounts of reagent grade 
sodium carbonate and twice-distilled water. The sodium 
carbonate analyzed 99.8 to 99.9% using constant-boiling 
hydrochloric acid diluted to 0.5 N  after heating^ at 140° 
for an hour. The dissolved oxygen in the solutions was

(1) This communication contains material from a dissertation pre­
sented to The Institute of Paper Chemistry in partial fulfillment of the 
requirements for the degree of Doctor of Philosophy from La*vrence 
College, June, 1954. The work was done under the direction of Roy P. 
Whitney.

removed by stripping with nitrogen at reduced pressure, and 
the solutions were stored under a positive nitrogen pressure. 
The reference solution was stored in an 18-liter bottle lined 
with a plastic bag to eliminate attack on the glass by the 
solution. Analyses of each solution were run in triplicate 
using weighed samples and standard hydrochloric acid.

The silver-silver carbonate electrodes were similar to the 
type 2 electrodes of Harned.2 Due to the higher solubility 
of silver carbonate, the electrodes were electrolyzed in 0.5 
m sodium bicarbonate at 200 m a./cm .3 for two hours. It 
was necessary to form very fine porosity silver on the plati­
num spirals to obtain equilibrium potentials. These elec­
trodes are apparently less stable than other silver electrodes, 
but with care in preparation they were usually reproducible 
to 0.1 mv.

(2) H. S. Harned, J. A m . Chem. Hoc., 51, 416
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The 0.2%  sodium amalgam was prepared by electrolysis of 
sodium hydroxide in contact with reagent grade mercury. 
The prepared amalgam was washed successively with water 
and acetone and dried by vacuum in the reservoir.

The apparatus was adapted with a few modifications 
from previous studies and is shown in Fig. 1. All stopcocks 
were out of the bath for ease in operation at high tempera­
tures. The amalgam lines leading from the reservoir to the 
cells dipped into the bath for about six inches to permit 
temperature control of the amalgam entering the cells. 
The water bath was covered by a film of oil to prevent 
evaporation. By means of a series of mercury-to-platinum 
thermoregulators, the thermostat was controlled to 0.02° 
of the desired temperature.

NITROGEN SYSTEM

In the operation of the cells, a pair of freshly prepared 
electrodes were put in the apparatus at 25°, the cell units 
were filled, and the e.m.f. was measured periodically until 
the equilibrium value was attained. During the equilibra­
tion period, the solutions flowed through the cell units at a 
rate of 0.5 to 1.0 mi./min. The temperature was changed 
to 15° and the procedure was repeated. Subsequently the 
equilibrium values were determined again at 25° and then at 
37.5, 50 and 65°. Once the electrodes came to equilibrium 
at 25°, equilibrium was quickly attained when the bath 
temperature was changed. The silver-silver carbonate 
electrodes were somewhat unstable at the highest concen­
trations at 50 and 65°, but the values determined after the 
cells reached temperature equilibrium were reproducible.

The results are listed in Table I. For each concentration 
cell, two or three pairs of electrodes were used to measure 
the e.m.f. over the entire temperature range. The data 
were averaged by cross-plotting e.m.f. versus concentration

T able I
Equilibrium  E lectromotive F orcer of Concentration 

C ells at  15 to 65°
r--------------------- ft.m.f. in »IV.

Molality 15° 25° 37.5° 50° 05°

0.1005 Ref. soin. 0.0 0.0 0.0
.2008 - 1 8 .7 - 2 0 .2 - 2 2 .4 - 2 4 . 2 - 2 5 .1
.4009 - 3 7 .3 - 4 0  2 - 4 4  4 - 4 7 .0 - 4 8 .8
.6014 - 4 8  2 - 5 2 .1 -5 7 .1 - 5 9 .8 - 6 1 .9
8470 — 57.5 - 6 2 .0 - 6 7 .5 - 7 0 .2 - 7 1 .8

1.0047 - 6 2  0 - 6 6 .8 - 7 2 .1 — 75.0 - 7 6 .2
1.5355 — 73.3 - 7 8 .8 - 8 4 .1 - 8 6 .8 - 8 8 .6

at constant temperature and e.m.f. versus temperature at 
constant concentration. The most reliable data were taken 
from the smooth curves.

Vapor Pressure Determinations.—The vapor pressures of 
solutions were determined by the dynamic or gas saturation 
method of comparing the vapor pressure of the solution with 
that of water at the same temperature. It was assumed 
that Dalton’s law of partial pressures was applicable for the 
mixture of nitrogen and water vapor between 65 and 95° 
at one atmosphere.

The apparatus is shown in Fig. 2. The gas saturation 
cells were similar to those used by Pearce and Snow.3 The 
presaturators were 3-neck flasks with mercury seal stirrers 
which were designed to form many small bubbles and splash 
the liquid high in the flasks. The presaturators were very 
effective and caused only a small pressure drop. An­
hydrous magnesium perchlorate was used as a desiccant in 
the absorption tubes. Ethylene glycol was used in the 
bath to reduce heat loss due to evaporation and simplify 
cleaning of the cells for changes of solution. The thermo­
stat was operated at 65, 80 and 95° and was controlled by 
mercury-to-platinum thermoregulators to 0.02°.

HEATER

For each of the 14 solutions between 0.1 and 2.5 to, four 
determinations were made at 65, 80 and 95°. The results 
were plotted as a function of concentration, and the values 
from the smooth curves are shown in Table II. The esti­
mated accuracy of the data was 0.2 to 0.5% .

T able II
Vapor Pressures of Sodium C arbonate Solutions from 

65 to 95°

Molality ()5°
Vapor pressure in min. 

80° 95°
(Water) 187.6 355.3 634.3
0.1009 186.8 353.5 631.4

. 1507 186.4 352.6 629.9

. 1999 185.9 351.9 628.7

.4013 184.4 349.2 623.8

.5017 183.6 347.9

. 5994 182.9 346.6 619.0

.6934 182 2

. 8046 181.5 344.3 614.3
1.001 180.2 342.1 610.2
1.146 179.3 340.5 607.4
1.444 1.77.3 337.4 601.8
1 519 176.7 336.7 600.4
2.011 173.7 330.8 589.8
2.520 169.8 324.1 578.2

Derived Thermodynamic Data 
Activity Coefficients from Concentration Cell

Data.—From the thermodynamic equation for the 
concentration cells

(3) J. N. Pearce and H. L). Snow, Tins J o u r n a l , 31, 231 ( l ‘J27).
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and the Debye-Hückel equation

l o g  v ±  =  -------+  Be — l o g  ( 1  +  0 .0 5 4 to )  ( 2 )
1 +  A vr

the activity coefficient data were evaluated. For 
preliminary calculation the effects of hydrolysis on 
to±, ? ±  and T were neglected. Rather than solv­
ing for factors A and B by simultaneous equations 
from the e.m.f. of two concentration cells, the 
method of Jones and Dole4 was used to average all 
the experimental data between 0.1 and 1.0 to. 
It should be noted that equation 12 of Jones and 
Dole should be
AE = —(2.303X3)RT (y S,r2

LV(1 + A Vffi)2 
<Sfrr

(1 +  A VTr):-) 2̂  AA +  (c2 — cr)Aß] (3)

From the values of A  and B at each temperature, 
the activity coefficient of the reference solution 
was calculated from equation 2. The values of 
Y± 2  at all other concentrations were calculated using 
equation 1.

It is not possible to determine the exact errors in 
the results due to the hydrolysis of the salt because 
the activity coefficients of the individual ions are 
not known. However, by assuming that at any 
concentration

and
=  I hcou =  l'on- (4)

Veo,- = (5)
the errors may be estimated from the equation for 
the hydrolysis constant

K „ mx2 /yHoo. Toh”\
~ KTk ~ (1 -  x) V Tcor ) ( 6 )

where x is the fraction of the carbonate ion concen­
tration hydrolyzed. The second ionization con­
stant of carbonic acid is known only up to 50°.6 
From 15 to 50° the change in the degree of hy­
drolysis from 0.1 to 1.5 to was small, and the maxi­
mum error in m ±2/m±r was 0.7% at 50°. Since 
the errors were significantly smaller at lower values 
of to ±2 and lower temperatures, corrections for 
hydrolysis were unnecessary.

The results of the calculations are shown in 
Table III. The Debye-Hiickel equation repre­
sented the activity coefficients with a high degree of 
accuracy from 0.1 to 1.0 m over the entire tempera­
ture range. The maximum difference in the values 
listed in Table III and those calculated by equation 
2 was only 0.002.

T a b l e  III
A c t i v i t y  C o e f f i c i e n t s  a t  15  t o  6 5 °

M ola lity 15° 25° 37 .5° 50° 65°

0 .1 0 0 5 7 i (0 .4 4 8 ) (0 .4 65 ) (0 .5 0 4 ) (0 .5 2 4 ) (0 .5 2 9 )
.2008 7=fc .371 .393 .441 .466 .471
.4009 7 ± .306 .331 .382 .405 .405
.6012 Y=b .273 .300 .349 .367 .365
.8470 Y =b .249 .276 .321 . 334 . 325

1.0047 Yzfc .237 .263 .303 .316 .303
1.5355 Yzb .210 .230 . 208 .274 . 263

(4) G. Jones and M . Dole, J. Am . Chem. Soc., 51, 1084 (1029).
(5) II. S. Harned and S. R. Solides, Jr., ibid., 63, 1700 (1940).

Activity coefficient data have been reported 
previously only at 25° by Lortie and Demers6 and 
Saegusa.7 Lortie and Demers determined their 
data from freezing point depression measurements 
and vapor pressure determinations. They esti­
mated that their data were 2.6 to 3.1% high 
because of the effect of hydrolysis at 0.005 to. 
Saegusa measured the e.m.f. of galvanic cells and 
graphically extrapolated the data from 0.001 to 
to infinite dilution. The extrapolation depended 
primarily upon the e.m.f. between 0.001 and 0.05 
to where the errors due to the flowing sodium 
amalgam electrode and the solubility of silver 
carbonate may be appreciable. The results of the 
different studies are shown in Fig. 3. It appears 
that the difference in the results is due to the 
methods of extrapolation rather than any errors in 
the measurement of the change in free energy with 
dilution.

Activity Coefficients from Vapor Pressures.—
From the equation

i 7±2l o g ------  =
7 ± r

Ça, a t  t o  1 0 0 0

the logarithmic ratios of the activity coefficients 
were calculated from the vapor pressure data.

T a b l e  IV
E v a l u a t i o n  o f  E q u a t i o n  7  b y  G r a p h i c a l  I n t e g r a t i o n

65° 80° 95°
log log log

Molai P 7 zb 2 V 7=b 2 V 7 zb 2
concn. (mm.) Y±0.2 (mm.) 7 =b 0.4 (mm.) 7 =b 0.4
0.0000 187.65 355.30 634.30

.1000 186.78 +  0.1153 353.45 +  0.1406 631.40 +  0.1471

.2000 185.95 +  .0623 351.95 +  .0770 628.75 +  .0778

.3000 185.14 +  .0278 350.50 +  .0357 626.20 +  .0345

.4000 184.38 Ref. 349.15 Ref. 623.80 Ref.
0.5000 183.62 -0 .0 2 3 8 347.85 -0 .0 3 0 3 621.45 -0 .0 2 6 2

.6000 182.90 -  .0452 346.65 -  .0574 619.00 -  .0502

.7000 182.21 -  .0651 345.45 -  .0829 616.70 -  .0708

.8000 181.53 -  .0828 344.35 -  .1056 614.40 -  .0896

.9000 180.86 -  .0990 343.20 -  .1262 612.25 -  .1075
1.0000 180.21 -0 .1 1 3 8 342.10 -0 .1 4 4 6 610.20 -0 .1 2 3 8
1.2500 180.56 -  .1452 339.50 -  .1856 605.50 -  .1612
1.5000 176.86 -  .1682 336.90 -  .2198 600.75 -  .1963
2.0000 173.72 -  .2038 330.95 -  .2624 590.10 -  .2384
2.5000 169.98 -  .2274 324.40 -  .2871 578.70 -  .2654

T a b l e  V
A c t i v i t y  C o e f f i c i e n t s  f r o m  V a p o r  P r e s s u r e  M e a s ­

u r e m e n t s

65° 80° 95°
M olality 7=fe 7 ± 7 ±
0.1000 0 522 0.489 0.448

.2000 .462 .423 .382

.3000 .426 .384 .345

.4000 (  .400) ( -354) ( .319)

.5000 .379 .330 .300

.6000 .361 .310 .284

.7000 .345 .293 .271

.8000 .330 .278 .260

.9000 .318 .264 .249
1.0000 .308 .254 .240
1.2500 .286 .231 .220
1.5000 .272 .213 .203
2.0000 .250 .193 .184
2.5000 .237 .183 . 173

(6) L. Lortie and P. Demers, Can. J . Research, 18B, 373 (1940).
(7) F. Saegusa, Science Repts. Tôhoku Univ. First Ser., 34, 147 

(1950).
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For calculation purposes a reference solution of
0.4000 to was chosen. Because of the sensitivity 
of the factor log ah it was necessary to determine 
the vapor pressures of the solutions from smooth 
curves of the data as a function of concentration 
and then average the calculations by an intermedi­
ate graph of log ai versus to. The results of the 
evaluation of equation 7 are shown in Table IV.

For the extrapolation of the data to infinite 
dilution the Debye-Huckel equation 2 was used. 
A method similar to that for the concentration 
cell data was developed to evaluate A and B from 
all the values of log 7±2/'t±r from 0.1 to 1.0 m. 
The activity coefficients of the reference solution 
were calculated from equation 2 and the values of 
y ± 2  were calculated from the data in Table IV. 
The results are shown in Table V. The maximum 
difference between the values listed in the table

and those calculated by the Debye-Hiiekel equation 
was 0.001 between 0.1 and 1.0 to.

The activity coefficient data from 15 to 95° 
are represented in Fig. 4. The results appear to be 
internally consistent over the entire temperature 
range. The agreement between the results at 65° 
from the two experimental methods of determina­
tion is good. At 0.1 m the difference is 1.3%; 
at 1.0 to the difference is about 1.5%. The results 
appear to be reasonably accurate over the entire 
temperature range.

Relative Partial Molal Enthalpies.— The evalua­
tion of L2 was carried out using the fundamental 
equation

l2 = —3 B r * ( 2 - ^ ) Tip (8)

The slopes of the curves in Fig. 4 were determined 
by the front face mirror technique at 25 through 80°
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and listed in Table VI. The values of L2 are not 
highly accurate. Values of L2 may be calculated

T a b l e  V I

R e l a t iv e  P a r t ia l  M o la l  E n t h a l p ie s  o f  So d iu m  C a r ­
b o n a t e  in  S o lu tio n

¿ 2  in cal./mole-
M olality 25° 37.5° 50° 65° 80°

0 .1 0 - 2 9 1 - 3 3 5 - 1 2 2 +  172 + 3 8 6
.2 0 - 4 1 3 - 4 2 5 - i e o + 2 2 3 + 5 0 4
.4 0 - 5 0 1 - 4 3 8 - 1 6 6 + 3 3 2 + 6 6 2
.6 0 - 6 2 2 - 4 0 5 - 1 1 8 + 4 1 4 + 7 0 5
.8 0 - 6 2 4 - 4 3 6 -  66 + 5 2 0 + 6 3 9

1 .0 0 - 6 3 1 - 4 4 7 -  31 + 6 7 5 + 4 6 0
1 .5 0 - 6 4 2 - 3 3 2 -  14 + 6 1 6 + 3 5 1

NOMENCLATURE
A Constant in the Debye-Hiickel equation 
a Activity
B  Constant in the Debye-Hiickel equation
c Molarity in moles per 1000 ml. of solution
d Prefix, indicating differential
E  Electromotive force
K  Ionization constant; 7fw — for water
K 2a Second constant at H2C 03
Ku Hydrolysis constant
L Relative partial molal enthalpy
M  Molecular weight
m Molality in moles per 1000 g. of solvent
m ± Mean ionic molality
N  Normality in g. equivalents per liter
P  Total pressure
p Vapor pressure
R Ideal gas constant
Si Limiting slope of the Debye-Hiickel equation 
T Absolute temperature
x Degree of hydrolysis (fraction of ion concn. hydro­

lyzed)
r  Ional concentration
y  Molal activity coefficient
7 ±  Mean ionic molal activity coefficient
A Prefix, indicating finite difference
v Number of ions of an electrolyte
1 Referring to solvent
2 Referring to solute
r Referring to reference solution
5 Prefix, indicating partial differential
e.m.f. Electromotive force

Faraday charge
In Natural logarithm to the base e
log Common logarithm to the base 10

from the enthalpies of solution estimated by Bichow- 
sky and Rossini.8 At 18°, the values of L2 are 
nearly four times as great as L2 calculated at 25° in 
this study. It is believed that the values of L2 
from this study are more reliable.

(8) F. R . Bichowsky and F. D. Rossini, “ The Thermochemistry of 
the Chemical Substances,’ ’ Reinhold Publ. Corp., New York, N. Y., 
1936, p. 144.
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Dynamic mechanical properties of concentrated solutions of three fractions of cellulose tributyrate in 1,2,3-trichloropropane 
have been studied by the wave propagation and single transducer methods. Concentration ranges were about 5 to 25%  for 
fractions H {My =  300,000) and R2b (152,000), and 28 to 45% for fraction L (55,000). H was also studied by stress relaxa­
tion at 25.6%. The real parts of the complex dynamic rigidity and viscosity, reduced to unit concentration and viscosity at 
25° by the usual method of reduced variables, superposed for each fraction at all temperatures ( — 5 to 35°) and concentra­
tions. The relaxation distribution functions calculated from dynamic rigidity, dynamic viscosity and stress relaxation were 
in good agreement for each fraction. Each relaxation spectrum consisted of a horizontal plateau with a terminal zone at long 
times very close to the location predicted by the Rouse theory. The plateaus were flatter and longer than those observed 
for solutions of vinyl polymers of comparable molecular weight, indicating that the tendency to mechanical coupling of 
neighboring molecules is much stronger in the case of the cellulose ester.

Introduction
With the exception of Philippoff’s work2 on cellu­

lose acetate in 1934, almost all investigations of the 
dynamic mechanical properties of concentrated 
polymer solutions have been concerned with vinyl 
polymers—in particular, polyisobutylene, poly­
vinyl acetate and polystyrene. The results of these 
studies are remarkably similar for different poly­
mers of comparable molecular weight. The tem­
perature and concentration dependence of dynamic 
properties can be described (provided the molecular 
weight is not too high3’4) by a simple scheme of re­
duced variables,6 and all data can be combined in 
a distribution function of relaxation times reduced 
to a standard reference state of unit concentration 
and viscosity. This function, in its intermediate or 
plateau zone, is practically identical6 for samples of 
the three polymers mentioned above with weight- 
average molecular weights near 400,000. Since the 
nature of the monomer unit plays such a minor role, 
the relaxation distribution function is evidently de­
termined primarily by the flexible carbon-carbon 
backbone which is common to all vinyl polymers.

It is therefore of interest to make a detailed 
study of a polymer with a very different backbone 
structure, to see in the first place whether the 
method of reduced variables will still be applicable 
to describe the temperature and concentration de­
pendence of mechanical properties, and in the sec­
ond place whether the relaxation distribution func­
tion will reveal differences which can be correlated 
with chain architecture. Cellulose derivatives are 
admirably suited to this purpose, for their oxygen- 
linked anhydroglucose rings contrast sharply with 
the carbon-carbon linkages of vinyl polymers and 
lead to far more extended molecular chains.7'8

We have chosen the tributyrate ester as a deriva-
(1) Part X V III  of a series on Mechanical Properties of Substances 

of High Molecular Weight.
(2) W . Philippoff, Physik . Z., 35, 900 (1934).
(3) J. D. Ferry, I. Jordan, W , W . Evans and M. F. Johnson, J. 

P olym er S ci., 14, 261 (1954).
(4) T. W . DeW itt, H. Markovitz, F. J. Padden, Jr., and L. J. 

Zapas, / .  Colloid Sci., in press.
(5) J. D . Ferry, J. A m . Chem. Soc., 72, 3746 (1950).
(6) L. D . Grandine, Jr., and J. D . Ferry, J .  A p p l. P h ys., 24, 679

(1953) .
(7) L. Mandelkern and P. J. Flory, J. A m . Chem. Soc., 73, 3206 

(1951); 74, 2517 (1952).
(8) A. M. Holtzer, H. Benoit and P. Doty, T h is J o u r n a l , 58, 624

(1954) .

tive which has a uniform chemical composition, 
lacks polar groups which could lead to specific as­
sociation, is readily soluble in suitable solvents, does 
not undergo excessive crystallization, and has been 
subjected to careful thermodynamic study in solu­
tion.7 Fractions have been used to determine the 
molecular weight dependence of dynamic mechani­
cal properties while avoiding effects of extreme 
molecular weight heterogeneity. The solvent 
chosen for all dynamic measurements reported here 
is 1,2,3-trichloropropane,9 which is sufficiently pow­
erful so that no crystallization or gelation is de­
tected except at very high concentrations for poly­
mer of relatively low molecular weight. Investi­
gations of o-dimethyl phthalate solutions, which 
form gels through partial crystallization, will be 
reported subsequently.11

Materials
The 1,2,3-trichloropropane (TC1P) was obtained from 

the Shell Chemical Corp.12 and the Matheson Co.13 The 
straw-colored Shell product was distilled through a 30-plat.e 
Oldershaw bubble cap column at atmospheric pressure (cor. 
b.p. 157.4-157.9°, literature 158°). The colorless Mathe­
son product was vacuum distilled using a water aspirator. 
The former distillate was used in preparing the solutions of 
fraction R2b; the latter, for fractions H and L. The 
TC1P and all solutions were stored in the dark to minimize 
solvent decomposition.

Acetone was obtained in several grades from several 
sources. All was distilled through the Oldershaw column 
to remove any traces of metallic salts which might be present.

Two samples of cellulose tributyrate (CTB) were ob­
tained from the Eastman Kodak Co. through the courtesy 
of Dr. C. J. Malm, No. 103,278 (Stock I) and No. 103,371 
(Stock II). Since polyvalent cations could cross-link the 
polymer if any free carboxyl groups were present, the poly­
mer was not allowed to come into contact with metallic 
surfaces and a painstaking effort was made to exclude cat­
ions from all solutions. These precautions could not be 
maintained once dynamic measurements were begun, since 
the solutions unavoidably came into contact with aluminum 
and stainless steel surfaces.

Fractionation of Polymer.—The precipitant, conductivity 
water, was added with vigorous stirring to an approximately 
1%  solution (by weight) of the polymer in acetone. When 
a sufficient amount of precipitate had formed it was dis­
solved by heating the solution to 35° in a large water-bath 
and then reprecipitated by slowly lowering the temperature

(9) This solvent had also been used in earlier studies of polyvinyl 
acetate.10

(10) J. D. Ferry, W. M . Sawyer, G. V. Browning and A. H. Groth, 
Jr., J. A p p l. P h ys., 21, 513 (1950).

(11) R . F. Landel and J. D. Ferry, unpublished work.
(12) Shell Chemical Corp., 500 Fifth Ave., N. Y. IS, N. Y.
(13) The Matheson Co., Inc., Joliet, Illinois.
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to 25 ±  0.1°. After settling, the precipitate was usually
separated by decantation.

Both stocks contained some insoluble debris and a brown 
impurity which was initially soluble with the whole polymer 
in acetone. The debris and most of the impurity could be 
separated in the first precipitate; with care, the remainder 
of the latter could be precipitated in the second cut and both 
of these initial fractions then had to be refractionated to re­
move it entirely. Since the fractionation scheme was com­
plicated by the presence of this material, the details of the 
separations leading to the various fractions are omitted 
here but are given elsewhere.14

Three fractionations were made. The first involved 160 
g. of stock I; it yielded fraction R2 b and a set of fractions 
used in osmometry and in the determinations of the sulfur 
content and degree of esterification. Subsequently, frac­
tions H and L were prepared from stock I and II, respec­
tively, by making rough separations of two 160-g. portions 
of stock and then combining and refractionating the ap­
propriate crude cuts.

The final fractions obtained were precipitated in a fluffy 
fibrous form suitable for direct drying by pouring aliquots 
of 5 to 10% solutions into a large excess of conductivity 
water with vigorous stirring. Each precipitate was re­
moved to a wash bath of fresh water before adding the next 
aliquot. After each fraction had been completely precipi­
tated it was washed several times with water and then dried 
for several days in a vacuum oven at about 1 mm. mercury 
and room temperature.

Chemical Characterization.—Stock I and the fractions 
from the first large scale fractionation were tested for varia­
tions in the sulfur content and in the degree of esterification, 
to make sure that fractionation was not taking place on the 
basis of chemical composition as well as on the basis of 
molecular weight, .15'16 The total amount of sulfur present 
as both inorganic sulfates and bound sulfur was determined 
by the method of Malm and Tanghe, 17 while the method of 
Malm, Genung and Williams18 was used to analyze for the 
presence of free hydroxyl groups. The results indicated 
that the polymer was fully esterified and essentially sulfur- 
free, and had not been fractionated on the basis of chemical 
composition.

Osmotic Pressure and Intrinsic Viscosity.—Osmotic 
pressure measurements19 at 25.CO ±  0.01° were made on 
methyl ethyl ketone solutions of s:x fractions. The osmome­
ter and its operation have been described elsewhere.20 
Solution densities were calculated on the assumption of 
additive volumes of polymer and solvent. Molecular 
weights were calculated on the basis of the Berglund extra­
polation21 of the square root of the reduced osmotic pressure 
(ir/c) to zero concentration. 22

The specific viscosities (jjbp) of the same fractions in ace­
tone at 25.0 ±  0.1° were measured in Ubbelohde viscome­
ters having negligible kinetic energy corrections. The in­
trinsic viscosities ( [tj] , in dl./g.) were obtained from the 
double extrapolation of the reduced specific viscosity (»?,p/c) 
and the inherent viscosity (In rjr/c) to zero concentration 
The relation between intrinsic viscosity and molecular 
weight (M) was found to be [77] = 4.80 X 10~5-/l/0-88. The 
molecular weights of fractions H and L were calculated by 
this equation.

Table I gives the number-average molecular weight, the 
second virial coefficient A2, [7 7 ] and the Huggins23 constant 
k' for the fractions whose osmotic pressures were measured. 
The values of k' are somewhat higher than those found by

(14) R. F. Landel, Ph.D. Thesis, University of Wisconsin, 1954.
(15) R. Signer and J. Liechti, H elv. Chim. Acta, 2 1 , 530 (1938).
(16) S. Rogovin and S. Glassman, K olloid  Z., 7 6 , 210 (1936).
(17) C. J. Malm and L. J. Tanghe, Ind. E n g . Chem., Anal. Ed., 14, 

940 (1942).
(18) C. J. Malm, L. B. Genung and R. F. Williams, ibid ., 14 , 935 

(1942).
(19) We wish to thank Dr. Ignacio Tinoco for making these measure­

ments.
(20) G. V. Browning and J. D. Ferry, J. Chem. Phys., 17 , 1107 

(1949).
(21) P. J. Flory, "Principles of Polymer Chemistry,”  Cornell Univ. 

Press, Ithaca, N. Y., 1953, p. 280.
(22) A reasonable linear extrapolation could also be made by plotting

x/c against c. Molecular weights obtained in this manner were re­
lated to intrinsic viscosity by the equation [77] -- 2.9 X 10 47(I" J.

(23) M. L. Huggins, J. A m . Chem. Soc., 64 , 2716 (1942).

Mandelkern and Flory7 for cellulose tributyrate in methyl 
ethyl ketone, but are similar to those of Badgley and Mark24 
for cellulose acetate in acetone.

T a b l e  I
R e su l ts  of O sm otic  P r e ssu r e  an d  V isc o sit y  M e a s u r e ­

m en ts

F rac- 
tion Mn X IO“»

242 X 10“, 
mole 

cm.3/g.2 hl»dl./g. k'

IB, 360 ±  25 5.0 3.82 ±  0 .03 b

Rib 296 ±  30 5.2 3.12 ± .05 0.59
III A 218 ±  8 6.3 2.20 ± .05 .67
R2a 170 ±  10 6.1 1.88 ± .03 .68
R2b 152 ±  10 6.4
IVB 77 ±  2 6.2 1.00 ± .03 .61
H 300° 3.15 ± .02 .65
L 55“ 0.70 ± .02 .51
“ Molecular weight calculated from intrinsic viscosity 

(=  Mi}). b Non-linear extrapolation.

Methods
The solutions were made up by weight and usuahy mixed 

at room temperature, although occasionally a temperature 
of 40° was employed. The initial solution of fraction L 
(55.3% ) had to be heated to 60° before mixing was com­
plete because it formed a chromatic gel at lower tempera­
tures owing to crystallite growth. More dilute solutions 
became thixotropic and then gelled with decreasing tem­
perature. The chromatic sheen evident in the gels persisted 
in such solutions and this fact was used as an indication of 
the presence of crystallites at low temperatures. Since the 
crystallites are randomly oriented and birefringent, the de­
polarization of light serves as a more sensitive test for their 
presence. These crystallite phenomena were found only 
with the solutions of fraction L.

The dynamic rigidities, G’ , and dynamic viscosities, 17', 
were measured for all three fractions with the single trans­
ducer Model 2 of Smith, Ferry and Schremp25 over a tem­
perature and frequency range of 15° (approximately) to 35° 
and 160 to 400 c.p.s., respectively. Concentrations ranged 
from about 5 to 10% for fractions R2b and H and 28 to 34% 
for fraction L. The same quantities were measured at 
higher concentrations by the method of transverse wave 
propagation29-27 over temperature and frequency ranges of 
— 5 to 40° and about 200 to 6,000 c.p.s., respectively; the 
concentration range was about 8 to 25% for R2b and H and 
34 to 45% for L. Solutions of the first two fractions gave 
unusually clear wave patterns with only moderate damping; 
useful patterns were obtained over a wider frequency range 
than is customarily observed, of the order of 1 to 1.5 decades 
of logarithmic frequency.

In addition, measurements of non-Newtonian viscosity 
and of stress relaxation following the cessation of a constant 
rate of strain were made on a single solution of fraction H 
(25.6% by weight) at four temperatures from 5 to 30° 
using the coaxial cylinder apparatus of Schremp, Ferry and 
Evans.28 To minimize evaporation of the solvent at the 
highest temperature, the surface of the solution was covered 
with 0.5 cm. of glycerol.

The steady flow viscosities of all solutions were measured 
over approximately the same temperature range noted 
above, using the falling ball method with the Faxen correc­
tion for wall effects.29 The solution densities were measured 
explicitly at different temperatures with a calibrated pyc­
nometer, using freshly boiled distilled water as the contain­
ing fluid.

(24) W. .1. Badgley and H. Mark, J. Phys. Colloid Chem., 51, 58 
(1947).

(25) T. L. Smith, J. D . Ferry and F. W . Schremp. J. Appl. Phys., 
20, 144 (1949).

(26) J. N. Ashworth and J. D Ferry, J. Am. Chem. Soc., 71, 622 
(1949).

(27) W. M. Sawyer and J. D. Ferry, ib id ., 72, 5030 (1950).
(28) F. W. Schremp, .1. D. Ferry and W. W. Evans, J. Appl. Phys., 

22, 711 (1951).
(29) The results of the viscosity measurements will be discussed in a 

forthcoming communication.
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Results
The values of (?' and 17' were reduced to a stand­

ard state by the method of reduced variables.8 
Figure 1 shows the wave propagation data from the

Fig. 1.— Dynamic rigidity G' (ascending curves) and 
dynamic viscosity 77' (descending curves), plotted logarith­
mically against frequency, all reduced to 25° for sample H 
at various concentrations (weight fraction polymer): 
1, 0.072; 2, 0.104; 3, 0.156; 4, 0.210; 5, 0.256 (wave 
propagation measurements).

solutions of fraction H partially reduced for tem­
perature only, to 25°, on the assumption that all 
relaxation times depend identically on T. The 
reduced variables here are G'p =  G'l\c0/Tc and 
v'v =  n'yocT/ycoTo, where T0 =  298°K.; c, c0,
7] and 770 are the concentrations (g./cc.) and steady 
flow viscosities at the temperatures T and T0, re­
spectively. The reduced frequency is ur/ToCo/ 
rioTc, where w is the circular frequency in radians/
sec. The individual points are not shown; they 
fell on the composite curves within experimental 
error. At a given frequency, both G‘ and 77' in­
crease with concentration.

The dashed lines of Fig. 2 show the same data for 
fraction H further reduced to eliminate the effects 
of concentration, assuming that all relaxation times 
depend identically on c. The standard state in this 
case is that of unit concentration and unit viscosity 
at 298°K. so that G\ =  G’Ta/Tc, v\ =  v7v, and 
wr =  oi-qTn/Tc. The single transducer data re­
duced to the same reference state are included as 
individual points. The agreement between the 
data obtained from the two independent methods 
is quite good. Similar plots illustrate the results on 
fraction R2b (Fig. 3) and L (Fig. 4). In each case 
the heavy curve drawn through all the data repre­
sents the reduced variable over the appropriate 
concentration range. Thus in solutions of this 
cellulose derivative, just as in those of vinyl poly­
mers, all relaxation times within the ranges covered 
here depend identically on temperature and con­
centration.

For brevity the results of the stress relaxation 
and non-Newtonian viscosity studies on fraction H

Fig. 2.— Data of Fig. 1 reduced to unit viscosity and unit 
concentration at 25°, together with single transducer data 
at weight fractions of 0.072 (black circles) and 0.045 (open 
circles). Tag right, 10°; no tag, 25°; tag left, 35°. Nu­
merals denote weight fraction of polymer corresponding to 
dashed lines reproduced from Fig. 1.

are presented only in terms of the reduced distribu­
tion function.

To make the calculation from stress relaxation, 
the dependence of the steady flow rate of strain (7 ) 
on stress (31) was first fitted to the empirical equa­
tion 7  =  ki sinh kM, to determine the parameters30 
ki and /c2. The distribution function was then ob­
tained from the slopes of stress-log time plots at 
various rates of shear preceding relaxation by the 
formula28

4> =  — (d® /d  log i)/4.600 llci tanh-1 [(y /fa )/( l  +
[1 + ( r / k o)J]'A)j

Values of $  thus calculated superposed for various 
rates of shear preceding relaxation; moreover, on 
converting the average of these values to <f>r and 
plotting log $ r vs. log Tr ( =  tTc/ijTo), the reduced 
values superposed for all temperatures (Fig. 5).

The function $ can also be obtained from the de­
pendence of apparent viscosity, r/n =  31/7 , on 7 . 
The functions ^ ( 7 ) and 17'(co) are closely simi-

(30) In this calculation, the average rate of strain within the an­
nular gap was taken as usual as the geometric mean of the values at 
the inner and outer surfaces. The parameters ki and ki can be deter­
mined somewhat more accurately by a more elaborate procedure of 
Tillmann81 which takes into account varying rate of strain within the 
gap. However, this was not considered necessary for present purposes, 
especially since 4>r is not too sensitive to k\ and hi.

(31) W. Tillmann, Kolloid-Z., 131, 00 (1953).
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Fig. 3.— Dynamic rigidity and viscosity for sample R2b 
reduced to unit viscosity and unit concentration at 25°, 
from wave propagation measurements (dashed lines) and 
single transducer (points). Key same as in Fig. 2 except 
that open circles are 0.068 and black circles 0.100 weight 
fraction, and tag right indicates 15°.

lar, 32~ 34 from which it follows, 32 approximately, 
that $ r =  — rd log riav/d, log j r. Here 7/ar = 
r/a/i7 and yr =  yi]Tb/Tc. Values for the distribu­
tion function obtained in this way for fraction H are 
also plotted in Fig. 5, and agree quite well with 
those from stress relaxation. The close coincidence 
is probably fortuitous, since more precise measure­
ments on other systems have shown a small devia­
tion. 4

Distribution Functions.— The relaxation distribu­
tion function <f>r, reduced to unit viscosity and con­
centration, was also calculated from the dynamic 
data of Figs. 2, 3 and 4 by the usual second approxi­
mation formulas. 35 The results are presented in 
Fig. 6 . The values of $  calculated from G' and 
from t)' are independent and therefore serve as a test 
of the internal consistency of the results. They 
should be and are the same within experimental 
error. (The experimental uncertainty in wave prop­
agation measurements is somewhat greater for ??' 
than for G', and the latter is considered a more reli­
able source for $  in sample L, where some diver­
gence appears.) Moreover, the curve for fraction

(32) T. W. DeWitt, reported at the Society of Rheology, October, 
1953.

(33) F. Bueche, J. Chem. Phys., 22, 1570 (1954).
(34) J. D. Ferry, M. L. Williams and D. M. Stern, T his Journal, 

58, 987 (1954).
(35) J. D. Ferry and M. L. Williams, J. Colloid S c i .,  7, 347 (1952).

Fig. 4.— Dynamic rigidity and viscosity for sampie L re­
duced to unit viscosity and unit concentration at 25°, 
from wave propagation measurements (dashed lines) and 
single transducer (points). Weight fractions for latter: 
open, 0.280; half black, 0.312; black, 0.345. Tempera­
tures: tag right, 12°; no tag, 20°; tag left, 30°.

H includes the terminal zone of the spectrum as 
determined from the heavy line through the stress 
relaxation points of Fig. 5. In this case a satisfac­
tory correlation between the results of three clif-

Fig. 5.— Relaxation distribution function for sample H, 
weight fraction 0.256, calculated from non-Newtonian 
flow (open circles) and from stress relaxation measurements 
at 5° (top black), 15° (right black), 25° (bottom black), 
and 35° (left black).
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Fig. 6.— Relaxation distribution functions for the three 
samples, calculated from dynamic rigidity (top black), 
dynamic viscosity( bottom black), and stress relaxation 
(crosses); all reduced to unit viscosity and concentration. 
Dashed curves are calculated from the Rouse theory.

ferent types of measurement is observed in that 
they all fall on a smooth curve. The agreement 
between stress relaxation data on the 25.6% solu­
tion and single transducer data on the 4.8 and 7.2% 
solutions is especially noteworthy in that it con­
firms the assumptions involved in the concentra­
tion reduction treatment over this range. Similar 
correlations have previously been found for poly­
styrene6 and polyvinyl acetate. 36

There is evidently no difference in behavior be­
tween the complex, more extended backbone of 
cellulose tributyrate and the simple carbon chain 
of vinyl polymers insofar as the applicability of re­
duced variables is concerned. However, the shapes 
of the relaxation distribution functions for the two 
backbone types, compared for similar molecular 
weights, are quite different. The relaxation spec­
trum of fraction H is reproduced in Fig. 7 together 
with those of several vinyl polymers of roughly 
equal weight-average molecular weight. The re­
gion of time scale portrayed here is the intermedi­
ate or plateau zone, between the terminal zone on 
the right and the transition zone on the left where at 
shorter times the transition to glass-like consist­
ency begins. The vinyl polymers exhibit slopes with 
a minimum numerical value of 0.25, the central 
zone being only partially flattened rather than form­
ing a level plateau. The CTB, by contrast, pre­
sents a perfectly flat plateau over 4 decades of log­
arithmic time. All three of the CTB fractions ex­
hibit this plateau—even L, whose molecular weight 
is only 55,000. It is also evident in the data of

(36) M. L. Williams and J. D. Ferry, J. Colloid S c i 10. 1 (1955).

Philippoff2' 37 on cellulose acetate and in measure­
ments of this Laboratory on cellulose trinitrate38 
which will be reported subsequently.

Log rr.
Fig. 7.— Relaxation distribution functions for concen­

trated solutions of the following polymers: CTB, cellulose 
tributyrate, fraction H (Fig. 6); PVAc, polyvinyl ace­
tate10 in 1,2,3-trichloropropane, J /w =  420,000; PSty, 
polystyrene6 in Decalin, M „  =  370,000; PIB, polviso- 
butylene3 in Decalin, Mv = 320,000; ROLTSE, Rouse 
theory for molecular weight of 340,000.

In vinyl polymers, a flat plateau extending over 
several decades appears in concentrated solutions 
when the molecular weight is sufficiently high—  
for polyisobutylene,3 for example, when M v >  
106. Thus the primary manifestation of the cellu­
lose backbone in viscoelastic properties is the pres­
ence of a flat plateau in the relaxation spectrum at 
an unusually low molecular weight.

Discussion

According to the theory of Rouse,39 the form of 
the relaxation spectrum depends on cooperative 
modes of Brownian motion of the polymer chain 
and (except at very short times) not at all on details 
of chemical structure. As modified slightly for 
concentrated solutions and expressed in terms of 
reduced variables,i'40 the theory requires only the 
polymer molecular weight for an explicit calcula­
tion of the distribution function. Theoretical 
Rouse curves are shown in Figs. 6 and 7; they re­
produce the terminal zones of the three cellulose 
tributyrate spectra with remarkable success.41

However, the Rouse theory predicts no plateau— 
only a linear distribution function with a slope of 
— V '2 on a double logarithmic scale as shown. The 
existence of the plateau has been attributed to the 
coupling of neighboring molecules by entanglement 
with a resultant abnormal prolongation of the long­
est relaxation times.3'42'43 Clearly, the coupling- 
effect is much stronger in cellulose tributyrate than 
in vinyl polymers (Fig. 7). This may mean either

(37) T. L. Smith, J. Polymer Sci., 14, 37 (1954).
(38) D. J. Plazek and J. D. Ferry, unpublished work.
(39) P. E. Rouse, Jr., J. Chem. Phys., 21, 1272 (1953).
(40) J. D. Ferry, in Ii. A. Stuart, “ Die Physik der Hochpolymeren,” 

Vol. IV, Springer, Heidelberg, in press.
(41) The theory actually predicts a discrete terminal relaxation 

time. The tail shown is a fictitious continuous curve which would be 
calculated by our approximation methods35 from stress relaxation 
measurerr ents on a Rouse polymer.3

(42) F. Bueche, J. Appl. Phys., in press.
(43) .T. D. Ferry, R. F. Landel and M. L. Williams, ib id ., 26, 359

(1955).
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that the points of entanglement are more closely 
spaced (as they appear to be in polymethyl meth­
acrylate42 compared with polystyrene) or that each 
coupling point is more effective in reducing the mo­
bility of the chain and hence increasing the aver­
age friction coefficient in long-range cooperative 
motions. In the latter case, the dependence of 
steady flow viscosity on molecular weight should 
involve an exponent higher than the 3.4 which ap­
pears to be characteristic of vinyl polymers.42'44'45 
Preliminary data29 do indicate that this is so.

The significance of the height of the plateau in $ 
remains uncertain. It decreases slightly with in­
creasing molecular weight, being 3.0, 1.4 and 1.3 X 
105 dyne/cm.2, respectively, for fractions L, R2b 
and H. In concentrated solutions of high molec­
ular weight polyisobutylenes3 the plateau heights 
range from 0.6 to 1.0 X 105 dyne/cm.2. The pla­
teaus found in relaxation spectra of undiluted un-

(44) M. F. Johnson, W. W. Evans, I. Jordan and J. D. Ferry, J. 
Colloid Sci., 7 , 498 (1952).

(45) F. Bueche, J. Appl. Phys., 2 4 , 423 (1953).

vulcanized rubbers of high molecular weight4®-47 
range from 1.4 to 4 X 105 dyne/cm.2. We suspect 
that this rather general level is determined by the 
nature of the random distribution of entanglement 
points and not on the structure of either backbone 
or side chains.
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Lennard-Jones developed a quantum mechanical theory of physical adsorption on the hypothesis that adsorption energy 
is due to induced dipole-dipole interaction between the adsorbed atom and the adsorbing surface, the latter being treated 
as a conducting plane without structure. The present paper reports an attempt to understand the anomalously high density 
in the first monolayer of helium adsorbed on solid surfaces in terms of this Lennard-Jones model, by taking into account the 
fact that the forces causing adsorption perturb the helium atom wave function and so modify the interaction between neigh­
boring helium atoms. The minimum strength of the forces needed to cause anomalous adsorption is found to be much too 
large to be explained in terms of induced dipole-dipole effects, and it is suggested that the anomaly may be more profitably 
discussed in terms of relatively strong permanent (non-uniform) local crystal fields in the adsorbing surface.

Introduction
The anomalously high density of helium adsorbed 

in the first monolayer on solids was first reported by 
Schaeffer, Smith and Wendell3 using carbon ad­
sorbents. The surface area was measured by an­
alyzing nitrogen isotherms. The volume of he­
lium adsorbed in the first layer was found to be 
several times greater than expected. A similar 
anomaly was found by Long and Meyer4 to occur 
with Fe20 3 adsorbers, and by Mastrangelo and 
Aston6 with T i02. Frederikse and Gorter6 con­
firmed the results with Fe20 3. Helium is ap­
parently the only substance exhibiting this effect.

When the anomaly was first discovered, there was 
considerable doubt about its reality: the B.E.T. 
theory7 of adsorption, by means of which the vol­
ume in the first layer is calculated, might be in­
applicable. The fact that it yields the anomaly

(1) Supported in part by ONR.
(2) On leave of absence from the University of Allahabad.
(3) W. D. Schaeffer, W. R. Smith and C. B. Wendell, J. Am. Chem. 

Soc., 71, 863 (1949).
(4) E. Long and L. Meyer, Phys. Rev., 76, 440 (1949); 84, 551 

(1952); 85, 1035 (1952).
(5) S. V. R. Mastrangelo and J. G. Aston, J . Chem. Phys., 19, 1370 

(1951).
(6) H. P. R. Frederikse and C. J. Gorter, Physica, 16, 403 (1950).
(7) S. Brunauer, P. H. Emmet and E. Teller, J. Am. Chem. Soc., 60, 

309 (1938).

might itself invalidate the theory: according to
the B.E.T. model, each adsorbed atom becomes a 
possible site for another adsorbed atom in the next 
monolayer, but with an anomalously dense first 
layer, this cannot be true. Band8 modified the
B.E.T. model to include this possibility explicitly at 
the outset, recalculated the volume in the first layer, 
and obtained essentially the same effect. There 
seems no reasonable doubt that the interatomic 
distance in the helium monolayer is no greater than
2.0 X 10-8 cm., compared with approximately 
twice tins distance in liquid helium.

Several qualitative explanations of the anomalous 
packing in the first monolayer have been suggested. 
The most promising was in terms of zero-point 
energy. The interatomic distance in helium for a 
minimum van der Waals potential is about 2.8 X 
10“ 8 cm.; but by increasing the interatomic dis­
tance to about 4 X  10~8 cm. as observed in liquid 
helium, the zero-point energy is so greatly reduced 
that stability is gained in spite of the increase in 
van der Waals potential. The liquid is “ blown 
up”  by its zero-point energy, and the adsorption 
mechanism is supposed to collapse this pressure. 
In one sense this explanation leads to more trouble 
than it resolves. Solid helium under 35 atm. or

(8) W. Band, Phys. Rev., 7 6 , 441 (1949).
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more pressure has a greater zero-point energy than 
the liquid phase, although it is still quite small— 
about 73 cal./mole as determined from the Debye 
temperature 32.5°K. The interatomic distance in 
the anomalous monolayer is much less than that in 
solid helium, and so implies an even larger zero- 
point energy in the monolayer. A crude estimate 
in terms of the Heisenberg uncertainty relation 
suggests that the zero-point energy is inversely pro­
portional to the square of the interatomic spacing, 
and this yields an estimated zero-point energy in the 
monolayer of the order of 350 cal./mole. The ob­
served energy of adsorption is about 50 cal./mole 
at high percentage coverage, so the potential re­
sponsible for adsorption must have a net depth not 
less than 400 cal./mole. At the interatomic dis­
tance 2 X  10~8 cm. in the monolayer, the inter­
atomic potential of two unperturbed helium atoms, 
using Lennard-Jones9 potential turns out10 to be 
about 1200 cal./mole repulsive. To explain the re­
quired net negative 400 cal./mole we therefore have 
to find an adsorption mechanism capable of pro­
ducing a total negative potential of some 1600 cal./ 
mole. The straightforward induced dipole-dipole 
interaction between a helium atom and a conducting 
plane, the Lennard-Jones model,11 is inadequate 
by a factor of about one hundred to provide so 
great an energy. The field intensity needed can be 
estimated as follows: The energy of an atom hav­
ing polarizability a in a field of intensity F is 
1/iaF2. Taking the polarizability of helium atom12 
as 0.206 X 10-24 cm.,3 the field intensity required 
to induce an energy equivalent of 1600’ cal./mole 
works out as F =  106 dynes/e.s.u., or 0.058 atomic 
unit. Such fields may be large enough to perturb 
significantly the van der Waals attraction be­
tween two adsorbed helium atoms. Thus, the 
dipole moment of one helium atom, induced by 
adsorption, could be opposite in sign to that in­
duced in any neighboring atom, thus adding a 
direct dipole-dipole attraction between neighbor­
ing adsorbed helium atoms. The more strongly 
polarized the helium atoms are by adsorption, the 
greater the effect. It was hoped that possibly 
this increased attraction would permit a smaller 
adsorption field intensity to produce the required 
adsorption potential, and so allow the Lennard- 
Jones picture to be retained. However, the correc­
tion turns out to be less than 6% of the energy of 
adsorption, and no appreciable change in the field 
intensity results. The perturbation calculations 
are outlined in the next section.

Perturbation Calculations
Hasse13 has given the wave function of a helium 

atom in a perturbing electric field F in the form
u =  e~niri + ri> (1 +  crn) {1 +  A (x i +  x2) - f  B{r,x, +  7*2X2)) 
_____________  (1)

(9) J. E. Lennard-Jones, Proc. Phys. Soc., 43, 471 (1931).
(10) Using the more recent values of the Lennard-Jones constants 

given by D. ter Haar, “ Elements of Statistical Mechanics,”  Rinehart 
& Company, Inc., New York, N. Y., 1954, p. 179.

(11) J. E. Lennard-Jones, Trans. Faraday Soc., 28, 333 (1932); 
Proc. Roy. Soc. {London), 156A, 6, 29 (1936).

(12) W. H. Keesom, “ Helium,”  Elsevier Publishing Co., New York, 
N. Y ., 1942.

(13) Hr R. Hass4, Proc. Camb. Phil Soc., 26, 542 (1930),

where rh r2 are the distances of the two electrons 
from the nucleus, r 2 the inter-electron distance; 
Xi, x2 the electron coordinates in the direction of the 
field F; c =  0.364, n =  1.849, A =  0.3844^, B =
0.38457'’ ; all the quantities are expressed in Har- 
tree atomic units. We use this function in the 
more approximate form
Mi =  + r*> (1 +  cr-i) (1 +  A(xi +  22 +  r,Xi +  r2x2))

( 2 )

with A =  0.3845F. The adsorbing surface is the 
y-z  plane, and the 2-axis joins two neighboring 
nuclei. The neighboring helium atom, polarized 
in the opposite sense, is represented by the wave 
function
W2 =  e~"tr3 + r<> (1 +  crit) ¡1 — .4 (2 3  +  x, +  7*3X3 +  î’i24) j

(3)

where the coordinates are relative to the second 
nucleus.

The coulomb interaction between these two 
atoms expressed in atomic units is
V  =  ( 1 / R 3)(XiX3 +  7/i7/3 — 22i?3 +  2 i2 4 +  2/12/4 —

2zi«4 +  2223 +  2/22/3 — 222Z3 +  2224 +  2/22/4 — 2z224) (4)

where R is the distance between the two nuclei. 
The first- and second-order perturbation energies 
due to this interaction are formally

AEi =  ( 1  /N) f - f u S V u 22 d n d r i d r s d r ,  ( 5 a )  

AE% —  ( 1 / i V )  S " S  M i 2 T 2 m 2 2 d r i  d r 2 d r 3 d r 4/ ( i ? i i  -f-

E 21 — E 12 — E 22) (5b)

where N =  f - f u x2 uA dn  dr2 dr3 dr4; En, E 21 
are the negative energies of the two atoms in their 
unperturbed ground states, and En, E22 are the 
negative energies of the two atoms in their first 
excited states. Numerically these energies are 
En +  E 21 =  2.75 atomic units, E12 +  E22 =  0.70 
atomic unit. All the integrals involved in evaluat­
ing eq. 5 have been computed14 and we find
AE, =  -0 .4 1 2 8  F 2/NR3
A E2 =  -(0 .0 8 2 5 6  +  2.8110F2 +  2.2181F4)/(2 .05A Æ S)

( 6 )
N  =  0.2671 +  0.3606.y2 +  0.1216 F*

In the absence of polarization, F =  0, the second 
order perturbation becomes E20 =  —65.8 X 10-12 
(■a0/R)6 erg, which compares favorably with the 
value given by Slater,15 namely, —68 X 10~12 
(da/Rf erg. Taking R =  2 X 10-8 cm., or about
3.8 atomic units, and assuming the estimated value 
of F as 0.058 atomic unit, as discussed in the pre­
vious section, the first-order dipole-dipole term in 
eq. 6 turns out to be —2.67 X 10-5 atomic unit, 
while the second order, van der Waals term, is 
about —50.5 X 10-5 atomic unit. The increased 
attraction due to the field F is thus only about 6%, 
and amounts in effect to no more than 18/6 cal./mole.

The possible effect of polarization on the repul­
sive term in the Lennard-Jones potential, due to 
overlap, can hardly be estimated with any degree 
of precision. Some idea of the effect however may 
be obtained by evaluating the first order dipole-

(14) R. P. Singh, ONR technical report project NR 010-603, June 
24, 1954.

(15) K. C. Slater, Phys. Rev., 32, 355 (1928).
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dipole term AE,  in terms of the symmetrized wave 
function
us =  u,(1 ,2)u2(3,4) -  Ui( 1 , 4 ) m 2,3)  -  Ml(2,3)u2( l ,4 )  +

Mi(3,4)u2(1,2)

The resulting value of AEX with F =  0.058 turns 
out to be14 positive 2.16 X 105 atomic units.

Discussion
We have shown that the possible increase in 

mutual attraction between neighboring adsorbed 
helium atoms due to their polarization in the ad­
sorbing field is no more than 6%; a very rough 
indication also has been given that the overlap 
repulsive component in the interaction between 
them is increased by an amount that may just 
about cancel the increased attraction. In any 
case it is quite clear that the perturbations in 
question are far too small to alter the problematic 
situation appreciably: namely, that it is still neces­
sary to postulate an adsorbing field intensity of 
roughly 0.058 atomic unit in order to bind the ad­
sorbed atoms against their mutual repulsion, against 
their high zero-point energy, and still retain 50 
cal./mole energy of adsorption. The major dif­
ficulty therefore remains: if the adsorbing mecha­
nism is capable of holding helium atoms against their 
mutual repulsion of 1200 cal./mole at full cover­
age, plus about 350 cal./mole zero-point energy, 
plus 50 cal./mole energy of adsorption, why does the 
energy of adsorption increase to no more than

about 100 cal./mole at 10% coverage, when pre­
sumably the repulsive 1200 cal./mole has practi­
cally disappeared?

There seems no escape from the conclusion that 
the adsorbing mechanism does not merely balance 
the mutual repulsion by means of a compensating 
negative energy, but that the mechanism is such as 
actually to remove the repulsion almost completely 
at all coverages of the monolayer. It is however 
clear that the present perturbation theory based 
on the Lennard-Jones model is quite inadequate to 
achieve this. It is suggested that the adsorbed 
monolayer may be regarded as a two-dimensional 
alloy with the adsorbing surface, the helium atoms 
entering the surface structure of the adsorbing solid. 
The forces involved are the local crystalline fields 
leaking out through irregularities in the surface. 
Such irregularities are presumably of molecular di­
mensions, and the fields of a higher order of inten­
sity than those existing between polarized helium 
atoms. Each adsorbed helium atom may be com­
pletely immersed in such a local field, and so be­
come essentially a part of the lattice structure of 
the adsorbing surface, interactions between neigh­
boring helium atoms being completely swamped by 
the perturbing effects of such a process. This pic­
ture has the merit that it would explain why only 
the smallest cf atoms exhibit the effect; others like 
nitrogen are too large to be submerged in the sur­
face irregularities.

A MINIMUM-PRINCIPLE FOR NON-EQUILIBRIUM STEADY STATES
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It is shown that a non-equilibrium steady state is accoir 
be described as the sum of resistances times fluxes squared, 
for a constant factor, identical with the entropy production, 
of Le Chatelier’s principle.

Introduction
Prigogine1 has shown that for an open system 

in which two irreversible processes take place, the 
steady state is characterized by the minimum rate 
of entropy-production consistent with the external 
constraints which prevent the system from reaching 
equilibrium. The theorem has been generalized by 
de Groot2 to systems with an arbitrary number of 
reactions. The proofs giver, by both authors are 
based on the Onsager3 relations, and the nature of 
the processes is therefore immaterial. Recently 
Klein and Meijer4 have derived the theorem by the 
methods of statistical mechanics for a particular 
irreversible process—the flow of matter and energy 
through a small capillary connecting two con­
tainers of an ideal gas maintained at slightly

(1) J. Prigogine, “ Etude Thermodynamique des Phénomènes ir­
réversibles,”  Editions Desoer Liège, 1947, Chap. Y.

(2) S. R. de Groot, “ Thermodynamics of Irreversible Processes,” 
North-Holland Publ. Co., Amsterdam, 1951, Chap. X.

(3) L. Onsager, Phys. Rev., 37, 405 (1931); 38, 2265 (1931).
(4) M. J. Klein and P. H. E. Meijer, ibid., 96, 250 (Ï954).

'anied by a minimum in a characteristic function which may 
For a steady state near equilibrium the function is, except 
This minimum principle provides the basis for an extension

different temperatures by two heat baths. Al­
though the general use of the principle of minimum 
entropy production was initiated by Prigogine’s 
paper, it is worth mentioning that a special case 
was proved almost a century ago in a nowadays 
rather unknown paper by Helmholtz.5

It is a necessary condition for all the proofs given 
for the theorem that there be linear relations 
between the forces and fluxes.6'7 This means that 
if we want to apply the theorem to a system in 
which heat conduction, diffusion or chemical re­
actions take place, we can only use it for steady 
states which are near true thermostatic equilib­
rium. It can be proven for the steady states 
which are characterized by this minimum in the 
rate of entropy production that they are stabilized 
in the sense that Le Chatelier’s principle is valid.

It would be interesting to apply this theorem to
(5) H. Helmholtz, “  Wissenschaftliche Abhandlungen von H. Helm­

holtz,”  Leipzig, 1882, I, 223.
(6) K. G. Denbigh, Trans. Faraday Sor., 48, 389 (1952).
(7) A. E. Nielsen, Bull, classe sci., Acad. roy. Belg., 40, 539 (1954).
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systems in which chemical reactions approach a 
time-independent state but this is, as mentioned 
above, only possible for very special cases. On the 
other hand it is well known that a chemical reaction 
in a steady state is stabilized by a “ moderation 
theorem,”  i.e., if one perturbs the system by adding 
to it small amounts of a component which is in a 
steady state, the system will tend to re-establish 
its original unperturbed state.

As all steady states in chemical kinetics are 
stabilized in this way, it is tempting to tiy to 
establish a more general minimum principle which 
characterizes any time-independent state. This 
can be done for processes that are described by a 
diffusion equation (or the corresponding difference 
equation) by comparison with the variational solu­
tion of the problem of Plateau8 as recently pointed 
out by Muller9 and by Prigogine.10 It is the 
purpose of this investigation to use this method 
on a specific example.

Description of the System.—We will consider a 
system, the particles or sub-systems of which can 
exist in N  different states. The set of states is 
for convenience taken to be the integers 1, 2, . . .  N.

A particle in state i has a certain probability w, 
for transition to state i +  1 and a probability w-\ 
for transition to state i — 1. We shall call this 
System I.

It is intuitively clear that this system will 
approach an equilibrium as the time goes to in­
finity. From the fact that the system is an irreduc­
ible Markov chain with ergodic states, it follows 
that this equilibrium is independent of the initial 
states of the system.

In order to get a system which approaches a 
steady state different from equilibrium we add a 
constant flux J into state 1 from the left and 
introduce a probability m>n of leaving the system 
from state N. We shall call this System II.

The change of the system with time is now 
described by the set of differential equations

X i  —  J  — W 1 X 1  W — 2 X 2

X < i  ~  W 1 X 1  — (/W 2  V  W — % )X 2 T  W — 3X3

X« - w .v -iX tf. i — (wjn -(- w_x)Xx
in which Xi =  X\(t) is the number of particles in 
state i or the probability that the system is in 
state i. For System I, J and wn equal zero, 
whereas they are both greater than zero in System
II.

Later we shall need the time-independent solu­
tions to the two sets of differential equations. 
They can easily be formed by putting X , = 0 
and solving the linear equations. They are, of 
course, well known.11 We shall here briefly outline 
a more powerful method of solving the equations 
in which the time-dependent solutions are formed 
first.

In System I let us use the boundary condition
(8) R. Courant and D. Hilbert, “ Methoden der Mathematischen 

Physik,”  II, Verlag von Julius Springer, Berlin, 1937, p. 535.
(9) H. Müller, Ann. Physik, 6 Folge, 7 ,  73 (1950).
(10) J. Prigogine, Bull, classe sei., Acad. roy. Belg., 4 0 , 471 (1954).
(11) J. A. Christiansen, “ Advances in Catalysis,”  Vol. V, Academic 

Press, Inc., New York, N. Y., 1953, 311.

X,(0) = 5n. We then use the Laplace transforma­
tion

2t(s) = e ~ “ Xi ( t) di

and get the following system of equations
—  1 =  ~ ( i ih  +  s t y  +  w - ix - i

0 = WiXi — (v>2 +  M l-2 +  s t y  +  W-3X3

0 =  MJ;_i3i_i — (w-, +  MJ-i +  s t y  +  W-i- lXi+l

0 = liJ.V-l3.V-l — (l/J-N + s)3n
It is seen that it is easy to find relations between 

the fractions Xi/x, -  i. They (‘an be expressed as
Xi __________ I U i - l ____

2i_l Wi +  +  S — MJ-i-i Xi+i/Xi
and as we have xu/xn- x =  wn-\/ ( w- at +  s) we 
can express Xi/xi-i as a finite continued fraction. 
From the first equation we then get

Xi 1
S +  W i

IÜ1ÜJ-2
S +  W . +  MJ_2

________ W-2W-3
S +  U>3 +  MJ-3 —

W lV - 1«J- X
s +  1/1- .V

and from the expression for x2/xi we then get x2, 
etc.

In principle it is now possible to apply the in­
version formula to x, and get Xi. Even without 
doing so we can, however, infer the properties of 
Xi(t) for / —► °° from the properties of X i(s ) for 
s —*■ 0-(-.

By calculation it is seen that the expression for 
X\ can be written as

3l =  / l ( s ) / ( s / 2( s ) )

in which /i(s) and / 2(s) are polynominals of the 
(N — l ) th degree, which include a constant term. 
That is, for s —*■ 0 +

. lXi ~  AI s
in which Ai =  / i (0 ) / /2(0). By virtue of one of the 
Tauberian theorems12 we then have for t —

X l  ~  $  (A,i/r(2)) =  ^

By simple algebra we get the familar expression

x , ->  =  A r >  =  l +  —  +  W l ~  ■ ■ +  .
1/J-2 «J-2W -3

+
Wi . . . tu.v-i 
W -2 ■ . . KJ-.V

When we apply the Laplace transformation to 
the differential equations for System II we get for 
the boundary conditions A;(0) =  0

O =  J s ~ 1 — ( w i  +  s t y  +  W - 2X 2

0 = UJiX, — (w-2 +  W-2 +  s t y  +  MJ-3«>:i

0 = Wi-iXi- 1  — (Wi +  IV-i +  sty +  W-i-iXi- 1

0 = w h - i X n - i  —  ( w x  +  «J-,v +  styv
(12) D. V. Widder, “ The Laplace Transform,”  Princeton Univ. 

Press, Princeton, N. J., 1946, 182.
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Proceeding as before, we get Xi(s) as a continued 
fraction

Xl
s 4- Wi

J s -1

S +  Wi +  W-2
WlW-i_____

_____________W2.W- 3

s +  W3 +  W-.1 — .

which we can write as

Wn-,Wn
S +  Wn +  W-N

X, =  Js 1/¡(s)/f,(s)

where / 3(s) and / 4($) are polynominals of the (N  —
l)th and N th degree, respectively, both containing a 
constant term. Denoting / 3(0 )//4(0) by An we 
have for t —*■ CO

X, ~  g-i(/A„I/r(2)) = AnJ

and by simple algebra we get 
Xi =  JAn  =

_)_ A w -  ‘l  _|_ A HU? _j_ _j_ w ~ *  ■ ■ • w - f / \

\ t« i w i  w i  Wi w 2 » !  ' Wi  . . .  . w n  )

which is identical with the expression for steady- 
stage kinetics given by Christiansen.

The Entropy Production.— Let us consider the 
above-mentioned System II as a system of chemical 
reactions in an open system. We then have that 
the rate of entropy production at constant tem­
perature is

<T dS 
di

N— l
\ £  w/v

in which ta is the chemical potential between state 
i and i — 1 and J, the flux.

Using the relation between rate constants and 
the equilibrium constant, we can rewrite this as

O' WjXj
W^i-iXi+i iXi w-i-iXi+i)

in which S is measured in units of R.
An expression of this kind has been given by 

Hearon.13
We will show that if the system is near real 

thermostatic equilibrium, e.g., the kind of time- 
independent state we have in System I, a has a 
minimum in the steady state. We have
0<T

dXi Y . (wiXi -  w -i- iX i+i) -  Wi log W i X j

W- i ■ X  i i 1

(W i-lXi-t -  iXi) -  W-i log W\ 1£ .‘ A  i IV- iA. %

We then use the abbreviation =  w-;Xi — 
w-i-iXi+i and, remembering that near equilibrium 
we can expand the logarithms

log WjXj
w -i-iX i+i

- A . )
w-i-iXi+iJ

J ■
w-\~iXi±i

in which A;+i is the equilibrium value of X J+ 4, 
we get

ÒlT
òXi 0 implies Ji — Ji-i =  0

from which we see that all da/dXj equal zero in 
the steady state. That the corresponding station­
ary value of <r is actually a minimum can be proven

(13) J. Z. Hearon, Bull. Math. Biophys., 12, 85 (1950).

by computing the second derivatives. We shall, 
however, give a simpler proof later.

If we introduce the expansion of the logarithm 
directly in the expression for d, we get

N - 1 

£ n>-  i- - 1 X i
Ji2

We shall call X\/{w-i-\Xi+i) the Pth resistance Rt. 
By computation we get

J.  _  W - 2 W - 3  ■ ■ ■ W - i

W W 2 . . . .  Wi

The name resistance is fairly obvious when we 
consider, for instance, a discontinuous heat con­
duction between N  metal spheres connected by 
thin conducting lines.14 If we imagine that all the 
thermal conductivity is in the lines and all the heat 
capacity is in the spheres, the evolution in time of 
the system will be governed by a set of equations 
like I or II. If in this system we compute the 
reciprocal of the Pth heat conductivity, we get the 
above-written R[.

The Minimum Principle.—We want to describe 
the time-independent state of System II as the 
minimum of some characteristic function. To do 
so we remember that in the limiting continuous 
case the stochastic process can be described by a 
one-dimensional diffusion equation such as

in which c =  c(xt) is the concentration, and D(x) 
is the diffusion constant. We also have the rela­
tion

The time-independent state is apparently described 
by

and it is well known that this is the Euler Lagrange 
equation corresponding to

As we know the time-independent solution of the 
diffusion equation exists, we also know that it 
minimizes this integral. This integral can also be 
written

X2
D ~lJ\x,t) dx =  0XI

from which wo see that the stationary state is 
characterized by a minimum of an integral that 
closely resembles the sum

£  RiJJ
i

in the previous section.
It is also easy here to see the relation between 

this integral and the entropy production. We have

a
I Çxi
T J * J(xt) dju(xt)

and, as yti =  /x0 +  RT log c
•X2 i

Dc
= 1 f 1

f  Jx, ,P dx

(14) B. O. Koopman, J. Operations. Res. Soc, Amer., 1, 3 (1952).
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»S' again being measured in units of R. It is seen 
that if c can be considered constant, the condition 
<r =  min. is equivalent with the above-stated 
variational principle.

We now want to find the coefficients n  which 
give us a sum

Z) r"/ >2i
which has a minimum for Ji =  J, the steady state 
flux.

The necessary condition is

g y  =  2n J i W i  — 2 r ,_ , J iw_ < =  0
1 i

For Ji =  ,/i_i =  J, we get the following recursion 
formula for r.

which, aside from a constant factor, determines r, 
as being identical with the resistance R,.

The Principle of Le Chatelier.—We are now in a
position to discuss the principle of Le Chatelier 
which states that if we disturb a system which is 
in equilibrium, the system will tend to re-establish 
the original state. It has been proven that the 
principle is also valid if the system is originally in 
a steady state near equilibrium. We shall here 
prove that it is valid for any steady state.

We consider System II in a state where 2R JJ  
has a minimum. Let the perturbation be an intro­
duction of a small amount of compound i, Ax,. 
We then have

s ' R i J J  -  x R i J J  >  0

in which 2 is the sum before the perturbation, 
2 ' the sum after the perturbation. This gives

2 [RiJiuu +  > 0
neglecting squares in A Xi. Remembering that 
Ri = 10- 2IV-Z.. . . w -t/wiW2 ■ .. .w;, we have

R,Wi = Ri-\ŵ i
and therefore

2 R , w , ( J i  — >  0
As 2R[Wi >  0, we have

(./,: -  % _ ,)AX, > 0
When A,-./ = (./,■ — >  0, V, is decreasing,

and when it is less than zero, X, is increasing. 
Therefore

A i J A X i  >  0
which is an immediate consequence of the minimum 
principle, is an expression for Le Chatelier’s prin­
ciple.

Acknowledgments.—The author’s thanks are due 
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NOTES

THE VAPOR PRESSURE OF METHANOL1 2 3 4
B y D a vid  F. D e v e r , A r t h u r  F in ch  and  

E r n e st  G r u n w a ld

Contribution from the Chemistry Department of Florida State University, 
Tallahassee, Fla.

Received January 17, 1055

In view of current interest in the thermodynamic 
properties of methanol,2,3 we report an accurate 
redetermination of the orthobaric vapor pressure 
in the temperature range 14-34°.

Experimental
Materials.— Commercial methanol was dried4 and frac­

tionated through a 30-plate column. The following con­
stants are reported for the fraction used in the vapor pres­
sure measurements: b.p. 64.7°; w25d 1.3267; water content 
(by Karl Fischer titration) <  0.03%.

Method of Measurement.—The static method was used. 
Pressure was measured on a differential mercury manometer 
whose internal diameter was 1.2 cm. Pressure differences

(1) This work was supported by contract Nonr-988(02) between 
the Office of Naval Research and Florida State University.

(2) C. B. Kretschmer and R. Wiebe, J. Am. Chem. Soc., 76, 2579 
(1954).

(3) W. Weltner and K. Pitzer, ibid., 73, 2006 (1951).
(4) N. Bjerrum and L. Zechmeister, Ber., 56, 894 (1923).

were read to ±0.03 mm. with a Gaertner cathetometer. 
The liquid was contained in a 10-ml. bulb attached to the 
main apparatus via a 14/36 ground joint, and its tempera­
ture was controlled to ±0.005°. The high-vacuum side of 
the mercury manometer was evacuated to 10 “ 5 mm. by 
means of a single-stage mercury diffusion pump, backed by a 
Cenco-Hyvac pump. The three main sources of error in 
static vapor pressure measurements, (1) premature con­
densation of vapor, (2) gas dissolved in sample, and (3) 
contamination by grease from stopcocks, etc., were treated 
as follows.

(1) The connecting tube from the sample in the thermo­
stat to the manometer was kept at 40° by means of 
a nichrome wire lagged with asbestos. The manometer 
itself was surrounded by a Pyrex tube in which refluxing 
ether maintained the temperature above 35°, the highest 
temperature used in the vapor pressure measurements.

(2) Before introduction into the vapor pressure appa­
ratus, the sample was outgassed in an auxiliary apparatus. 
The sample was then transferred to the main apparatus, and 
a series of runs, each at varying temperatures, made. 
Between runs the vapor was condensed back into the 
sample bulb and pumped overnight at Dry Ice tempera­
tures with the high-vacuum system. It was found that 
in any series of runs on one sample, the first and sometimes 
the second run yielded values slightly higher than the re­
producible values obtained with succeeding runs. This 
was attributed to the completion of the out-gassing process, 
and consequently only the later runs were accepted. Fi­
nally, to ensure that no contamination resulted from small
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quantities of liquid trapped between the mercury in the 
walls of the manometer, the mercury was removed, cleaned 
and dried at 60° under vacuum between each series of runs.

(3) After preliminary experiments, Dow silicone grease 
was used in minimum quantities as lubricant for the stop­
cock and ground glass joint in the vapor system. As far 
as could be judged, no contamination resulted.

Pressure readings were corrected to standard gravity, 
and temperatures were read to ±0 .01° on a thermometer 
recently calibrated by the National Bureau of Standards. 
To check the accuracy of the apparatus, the vapor pressure 
of pure water was measured in the range 25-35°. The 
mean deviation of eight experimental values from accepted 
values5 was 0.17%. The accuracy of the data for methanol 
; s estimated to be 0.25%.

Results
The results of thirty-nine measurements made on 

two samples are presented in Table I along with 
vapor pressure values computed by equation 3, 
derived below. A large scale graph of the data 
defines a smooth curve and shows no anomalous 
trends.

T a b l e  I
O k th o b a r ic  V a p o r  P r e ssu r e s  o r  MeOH

1, p (atm.) t, p (atm.)°c. Exptl. Eq. 3 °c. Exptl. Eci. 3
13.88 0.0920 0.919 24.84 0.1659 0 .1660
14.60 .09580 .09577 25.13 .1683 .1685
15.37 .09975 .09991 25.54 .1718 .1721
15.70 .1017 .1017 26.11 .1770 .1772
16.34 .1056 .1054 26.34 .1789 .1793
16.73 .1077 .1077 27.09 .1864 .1863
17.27 .1110 .1109 27.27 .1882 .1880
17.78 .1140 .1141 28.22 .1979 .1973
18.28 .1171 .1171 28.52 .2001 . 1999
18.83 .1207 .1208 29.07 .2061 .2059
19.41 .1245 .1246 29.84 .2142 .2140
19.83 .1273 .1274 30.57 .2224 .2218
20.34 .1310 .1311 30.77 .2238 .2241
20.91 .1351 .1351 31.32 .2306 .2303
21.41 .1385 . 1387 31.64 .2342 .2339
21.84 .1417 .1419 32.09 . 2396 .2392
22.36 .1458 . 1459 32.61 .2456 .2453
22.75 .1486 .1489 33.45 .2561 .2556
23.84 .1576 .1576 34.11 .2644 .2639
24.14 .1599 .1601

In order to show the consistency of these results 
with existing thermodynamic data,2’6 we have 
computed values of

- d  In p /d ( l /T )  =  TAHv/pAVy (1)
where AIIv, the molar heat of vaporization, was 
computed from the empirical equation of Fiock, 
Ginnings and Holton,6 and AFV, the molar volume 
change of vaporization, was computed using recent 
values for the virial coefficients of MeOH vapor2 
and accepted values for the density of liquid 
MeOH.7

In the temperature range 15-65°, the calculated 
values of d In p /d (l /T )  are represented to better 
than 0.02% by the empirical equation

- d  In p /d ( l/T) =  5472 -  2.944„r (2)

as shown in Table II.
(5) F. G. Keyes, J. Chem. Phys., 15, 611 (1947).
(6) E. F. Fiock, D. C. Ginnings and VV. B. Holton, J. Research 

Natl. Bur. Standards, 6, 881 (1931).
(7) “ International Critical Tables,”  Vol. I ll, McGraw-Hill Book 

Co.. New York, N. Y.. 1928, p. 27.

T a b l e  II
V a l u e s  o f  t h e  D e r iv a t iv e , — d In p / d ( l / Z T)

l, ° c . Exptl. Eq. 2 t, °C. Exptl. Eq. 2
15 4624 4624 30 4580 4580
20 4608 4608 34 4568 4568
25 4593 4594 64.65 4478 4478
Upon integration of equation 2 we obtain 

log p(atm.) =  14.47865 -  2376.4/T -  2.9440 log T (3) 
where the constant term 14.47865 is computed from 
the thirty-nine P -T  measurements and has a stand­
ard error of the mean of 0.00010. As shown in 
Table I, the fit is satisfactory. Extrapolation of 
the data to 1 atmosphere pressure gives a boiling 
point of 64.67°, which is in fair agreement with the 
accurate observed value of 64.65°.8

Our new results are generally 2-4%  higher than 
previously reported values.9 For example, at 
25.00°, the previous values range from 0.160 to
0.165 atm. as opposed to our equation which gives
0.1673 atm.

(8) J. Timmermans and M. Ilenneaut-Roland, J. chim. phys., 27, 
401 (1930).

(9) (a) Dittmar and Fawsett, Trans. Roy. Soc. Edin., 33, [II] 509
(1886-7); (b) Ramsay and Young, Phil. Trans., 177, 1, 123 (1886); 
ibid., 178A, 57 (1887); (c) W. G. Beare, G. A. McVicar and J. B. 
Ferguson, T his Journal, 35, 1068 (1931); (d) D. Radulescu and M. 
Alexa, Bull. see. chim. Romania, 20A, 89 (1938); (e) B. Pesce and
V. Evdokimoff, Gazz. chim. ital., 70, 712 (1940).

X -R A Y  DIFFRACTION STUDY OF THE AB­
SORPTION OF W ATER BY POROUS 

VITREOUS SILICA
B y  Jose ph  S. L u k e sh

General Electric Company, The Knolls Atomic Power Laboratory,1 
Schenectady, N. Y.

Received March 1, 1955

A porous form of vitreous silica is produced as an 
intermediate stage in the preparation of 96% 
Si02, known as “ Vycor,”  manufactured by the 
Corning Glass Works. The properties of this 
material have been described by Nordberg.2 It 
contains about 35% by volume of void space, with 
the individual voids being about 10 to 50 ¡j. in 
diameter. The glass is highly absorbent of gases 
and liquids. Water, for instance, is absorbed by a 
specimen approximately one inch square by one- 
eighth inch thick to the extent of approximately 
19% by weight (a figure consistent with 35% by 
volume of void space) within 20 minutes or less.

There is no physical or chemical evidence to 
indicate that the water absorbed by the porous 
vitreous silica is present in any form other than as 
liquid water. Dehydration, for instance, seems to 
be a continuous process whose rate depends on 
temperature. Experimental evidence is superficial, 
but no discontinuous changes with temperature in 
the rate of dehydration appear to exist; such 
would be expected if chemical combination occurred.

Although observations suggest that water is 
present in the liquid state, no direct evidence has 
been presented heretofore. In this paper are pre­
sented confirming results of an X-ray diffraction 
study.

(1) The Knolls Atomic Power Laboratory is operated by the 
General Electric Company for the U. S. Atomic Energy Commission 
under Contract No. W-31-109 En^-52.

(2) M. E. Nordberg, J. Am. Cer. Soc., 27, 299 (1944).
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Experimental
Specimens of leached but un-fired vitreous silica 

( “ Vycor” ) one inch square and one-eighth inch thick were 
examined by X-ray diffraction both in the equilibrium condi­
tion and when saturated with water. Filtered copper Ka 
radiation was used. By equilibrium condition is meant 
equilibrium with normal atmospheric temperature, pressure 
and humidity. The water-saturated specimens were allowed 
to soak in water under atmospheric pressure until constant 
weight was achieved. It was found that a period of 20 
minutes was sufficient to reach saturation with an increase 
in weight of about 19%. Surface water was removed by 
wiping with paper tissue.

Diffraction patterns were obtained by Geiger counter 
methods. Counts were taken at every degree 20 from sin 
8/\ =  0.057 to 0.459. Further extension of the curve was 
unnecessary for the purposes of the present investigation. 
In the case of the water saturated sample, the specimen was 
re-soaked before each measurement to compensate for 
evaporation.

Results and Discussion
The X-ray diffraction intensity data are plotted 

as a function of sin 6/\ in Fig. 1. Curve (b) repre-

sents the porous glass under equilibrium conditions 
and (a) the water-saturated material. (It is of 
interest to note that the intensity curve of the 
equilibrium sample is identical, within experimental 
error, with that of high purity vitreous silica3).

The bottom curve (c) of Fig. 1 represents the 
difference between (a) and (b). That this is due 
to liquid water is shown in Fig. 2 where the cor­
rected data (solid curve) of (c) are plotted to a 
scale comparable with that of the curve of water 
at 30° reported by Morgan and Warren4 (dashed 
curve). The slight shift of the small peak is prob­
ably due to the somewhat, lower ambient tem­
perature, ca. 18°, of the present experiment.

(3) ,1. K. Lukesh, Pkys. lien.. 9 7 , 34E (1055).
(4) J. Morgan and B. E. Warren, J. Chem. Phys., 6, 000 (1938).

Vol. 59

Fig. 2.— X-Ray diffraction curves for difference between 
water-impregnated and equilibrium porous vitreous silica 
(solid curve) and liquid water at 30° (dashed curve, adapted 
from Morgan and Warren.)

Conclusions
X-Ray diffraction analysis has demonstrated 

that water absorbed by porous vitreous silica exists 
in the liquid state, except possibly for a mono- 
molecular layer on the surfaces of the voids. While 
in the present case, physical and chemical evidence 
are consistent with this view, it is believed that the 
experimental technique may be of interest in more 
equivocal systems.

Acknowledgments.—The samples of porous vitre­
ous silica were kindly supplied by Dr. M. E. 
Nordberg of the Corning Glass Works.

THE IONIZATION CONSTANTS OF THE 
PYRIDINE MONOCARBOXYLIC ACIDS;

A REINTERPRETATION
B y  M a r t in  L. B lac k

The Research Laboratories, Parke, Davis & Company, Detroit 32, 
Michigan

Received March 22, 1966

Jellinek and Urwin1 have recently supplemented 
and summarized the existing ionization data for the 
pyridine monocarboxylic acids. Although the raw 
data generally agree well, all of the work reported 
and cited by these authors is marked by the same 
basic error of interpretation which it is the purpose

(1) H. H, G. Jellinek and J. It. Urwin, T his Journal, 58, 548 
(1954).
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of this note to correct. This will be done with 
reference to the previously unreported ionization 
constant of isonicotinic acid methyl betaine (I).

Reported1 ionization data for isonicotinic acid
(II) agree upon (pK&)x ~  1.70 and (pNa)2 ~  4.95; 
however, (pNa)x is erroneously associated, in these

4-
reports, with ionization of the = N H - center and 
(pNa)2 with -C 0 2H ionization.

Presumably, these incorrect assignments are 
based, in part, upon determinations of the ioniza-

+
tion constants of the = N H -  centers in the pyri­
dine carboxamides; e.g., pK a ~  3.61 for isonico­
tinamide.1 However, when it is possible for the 
parent acid to ionize in a zwitterionic manner, as in 
the present case, the amide ionization constants 
may be misleading. For example, in the present 
case one might argue that the undissociated
-CONH2 and -C 0 2H groups should have nearly

+
equal effects on the acid strength of the = N H - 
center, and, therefore, that the pK& values of 3.61 
and 4.95 should refer to the = N H -  centers since 
their difference is less than the difference between 
pNa’s of 3.61 and 1.70. Since this is contrary to 
the previous consensus,1 the amide data offers, at 
best, a rather unsatisfying basis for either view. 
This suggests that the amide actually has no 
electrical counterpart among the possible ionic 
species of II and, therefore, that II ionizes in the 
zwitterionic manner.

This zwitterionic formulation is consistent with 
the ionization data for II in the following respects; 
(1) that the acidity of the -C 0 2H group should be 
increased, relative to that of benzoic acid, by the

+
electron withdrawing effect of the = N H -  center,2

-4-
and that (2) the acidity of the = N H - center should 
be decreased, relative to that of the same group in 
the isonicotinamide cation, by the electron con­
tributing effect of the -C 0 2~ group.2 These elec­
trical effects parallel those which obtain2 among 
the aliphatic amino acids.

In complete conformity with the zwitterion 
hypothesis, I has been found to have an “ apparent” 
ionization constant (pKi) of 1.72 at 26°. Since I 
can ionize only in the manner

C 02H C 02 -

! ! 
CII3 CIL

I
and since this corresponds to one step in the zwitter­
ionic formulation

CO-.H COwA 1
/ V

:  ̂ +  ILO
w1 w1

1
II

1
H
II

(2) E. J. Colin and J. T. Edsall, “ Proteins, Amino Acids, and Pep­
tides,”  Reinhold Publ. Corp., New York, N. Y., 1943, Chapter 4.

it is clear, by analogy, that the pK& of 1.70 for II
must refer to COJI ionization.

The electrical analogy which must hold between
the above equilibria at pH’s below which the 

-1-
= N H - center ionizes (pH ~  4.9)1 is demonstrated 
by the ultraviolet spectra of I and II (Figs. 1 and 
2).

X ill m/i.
Fig. 1.— (Top curve) ultraviolet absorption spectrum of

isonicotinic acid methyl betaine:------ , pH 7 buffer; — --------,
0.1 N N a O H ;------- ' ------- , 0.01 Ar H C 1 ;------------ , 0.1 IV
H C 1 ; ----------------- , 1.0 N H C 1 ; -----------------------, 5.0 N
HC1.

Fig. 2.— (Bottom curve) ultraviolet, absorption spectrum
of isonicotinic acid: ------ , pH 7 b u f fe r ; ------------ , 0.1 JV
N a O H ;---------------- , 0.01 N  H C 1 ;------------ , 0.1 N HC1;
----------------- , 1 .0 .V H C 1 ;-----------------------, 5.0 N HC1.

For reasons similar to the above, pioolinic and 
nicotinic acids would also presumably behave as 
zwitterions in solution.3

Acknowledgments.— I am indebted to Mr. 
Leonard Doub of these laboratories for his sug­
gestions on several points of interpretation and to 
Dr. J. M. Vandenbelt of these laboratories for pro­
viding the instrumentation services of his staff.

Experimental
Preparation of Isonicotinic Acid Methyl Betaine (I).— 

Pyrolysis of methyl isonicotinate4 gave 42.4% yield of pure 
product. Purification consisted of four recrystallizations 
from ethanol-acetone ( ~  4 :1 ), the first two including acti­
vated charcoal treatment of the solutions. After drying to 
constant weight in menu over P/h, at 100°, the white crys­
talline product melted sharply with effervescence at 262°

(3) C f . E. B. Hughes, el a l . , T his Journal, 53, 414 (1949), to the 
contrary.
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(uncor.) in a sealed capillary to a brown liquid; Ivirpal4 
reports m.p. 264°.

Purification of Isonicotinic Acid (II).—This consisted of 
four recrystallizations from water and drying in vacuo at 
110° to constant weight.

Ultraviolet Spectra.—The spectra of Figs. 1 and 2 were 
determined with the Cary recording spectrophotometer.

Determinations of the Ionization Constant of I. Spectro- 
photometric Method.—The “ apparent”  ionization constant 
{pK'a) of 1.72 for I was determined in aqueous solution at 
26° with the Beckman Model DU spectrophotometer by 
published methods.6 No corrections have been made for 
salt effects or non-ideality of solutions.

(4) A. Kirpal, Monalsh., 2 4 , 525 (1003).
(5) J. M. Vandenbelt, el al., Anal. Chem., 2 6 , 72(5 (1954).

Titrimetric Method.— The pKi of I in water at 26° was
found to lie between 1.5 and 2.0 in duplicate determinations 
at initial concentrations of 0.0894 and 0.0896% by use of the 
Beckman Model G pH meter according to published meth­
ods.6’6 A range of pKL =  1.5-2.0 is reported for each 
determination because of lack of precision, relative to the 
spectroscopic method, in the highly acid solutions.6’7 The 
pKl =  1.75 mid-point of this range compares excellently 
with the spectroscopic value of pKi =  1.72. No correction 
has been made for salt effects or non-ideality of the solu­
tions.

(6) T. V. Parke and W. W. Davis, Anal. Chem., 26, 642 
(1954).

(7) G. M. Bennett, et al., J. Chem. Soc., 1821, 1823 (1935).

COMMUNICATION TO THE EDITOR

COMMENTS ON SURFACE TEMPERA­
TURES OF BURNING LIQUID NITRATE 

ESTERS
Sir:

In a recent paper dealing with the measurement 
of surface temperatures of burning liquid nitrate 
esters, Steinberger and Carder1 have discussed the 
significance of their results with respect to several 
mechanisms which can be postulated for the com­
bustion process. They conclude that an evapora­
tion type mechanism is incompatible with their 
data. It is the purpose of this note to point out an 
error in the calculations and reasoning leading to 
this conclusion and to comment on what appears 
to be a misunderstanding regarding a thermal 
model for the combustion process.

In Section I of their conclusions Steinberger and 
Carder state that the observed temperature gradi­
ents are too low to account for vaporization at the 
required rates. To illustrate this point, they at­
tempt to calculate the rate of heat transfer to the 
liquid and in so doing state that . . dT/dx is the 
temperature gradient in the gas just outside the 
surface, °C./cm., assumed to be equal to the temper­
ature gradient in the liquid at the surface.”  This 
cannot be true for the following reason. In the 
steady flow of heat across the boundary between 
two media of different thermal conductivities (as a 
liquid and a gas) with evaporation occurring at the 
interface, the following relation must be satisfied

where the K ’s are thermal conductivities, the tem­
perature gradients are those at the boundary and 
H  is the heat absorbed per unit time by the evapo­
rating species. The gas and liquid gradients cannot 
be equal unless H =  0 and /vgas =  /Tuq, and such is 
not the case. Thus the calculation of S. and C. in­
volving a liquid temperature gradient and a gas 
conductivity has no meaning. To calculate H, then, 
one must know the gradients at the surface in 
both liquid and gas as well as the thermal conductiv­
ities. One cannot, therefore, ride out an evapora-

(1) Steinberger and K. E. Carder, J. Phys. Chem., 5 9 , 255 (1955).

tion type mechanism on the basis of the available data.
Moreover, in considering the temperature distri­

bution to be expected for a thermal model for the 
combustion process, it is stated: “ In a purely 
thermal model the temperature would be expected 
to rise to a surface temperature of about 500° 
over a distance of 10 microns, . . referring to 
the work of Olds and Shook2 for this information. 
The thermal model should not be restricted to this 
temperature gradient because of the strong depend­
ence of preheat zone thickness on burning rate. A 
gradient of 50 deg./micron would be expected only 
at a burning rate of 1.0 cm./sec., the value used by 
Olds and Shook in their calculations. Critical ex­
amination of the heat flow equation shows that to a 
first approximation the preheat zone thickness, or 
distance from surface to any point in the condensed 
phase at temperature T, is inversely proportional to 
burning rate. An Olds and Shook type calculation 
reveals, for example, that the distance from surface 
to the point at which T =  100° varies from 12 mi­
crons at a rate of 1.0 cm./sec. to 418 microns at 
0.03 cm./sec. Thus the gradients would not be as 
steep as anticipated for the range of burning rates 
used by S. and C. and would, indeed, be quite grad­
ual for the profiles obtained at atmospheric pres­
sure. It might also be pointed out that a calculated 
surface temperature of 500°, as obtained by Olds 
and Shook, is not unique but depends principally 
upon the value of the chemical activation energy 
employed in solving the differential equation.3 
Under the conditions used in the calculations of 
Olds and Shook, a 20% change in activation energy 
effected a 170° change in surface temperature.

Work similar to that of S. and C.1 has been con­
tinued in this laboratory.4 
C h e m istr y  D iv isio n
R e se a r c h  D e p a r t m e n t  D . L . H il d e n b r a n d
U. S. N a v a l  O rd n an ce  T e st  Sta t io n  
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  18, 1955

(2) R. H. Olds and G. B. Shook, U. S. Naval Ordnance Test Station 
Technical Memorandum 917, 1952.

(3) R. H. Olds and G. B. Shook, private communication.
(4) D. L. Hildenbrand, A. G. Whittaker and C. B. Euston, T his 

Journal, 58 , 1130 (1954)
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The Laboratories are engaged, among 
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and development program devoted to 
production oj the Hughes guided missile.

I-----------------------------------,
I ENGINEERS or \
1 APPLIED PHYSICISTS ]
I_______________________I
familiar with non-metallic materials are 
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conduct special laboratory and field test 
programs on missile components.
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materials development, laboratory instru­
mentation, and the design of test fixtures.
I-----------------------------------1
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U_____________________ I
The Plastics Department of the Micro- 
wave Laboratory has need for an 
individual with a Ph.D. Degree, or 
equivalent experience in organic or 
physical chemistry, to investigate the basic 
properties of plastics. The work involves 
research into the properties of flow, the 
mechanisms of cure, vapor transmission, 
and the electrical and physical char­
acteristics of plastics.
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Alginates and Red Seaweed 
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