The Faraday Society reserves the Copyright in all Communications
published in the " Transactions ",

No. 231.

Oransactiotts of tfye JFaraday

W /Vo Society.

Founded 1903.

To PHOMOTE THE STUDY Or ELECTROCHEMISTRY, ELECTROIWETALLURaY,
Chemical Physics. Metallography, and Kindred Subjects,

Vol. XXXVI. Part 7. JULY, 1940. 5s.

(Torttents

The Electrical Double Layer—

General Discussion.— Dr. IN. H. Gorin, Prof. G. S. Adair, Prof.
I-I. A. Abramson, Dr. J. J. Bikerman, Prof. A. Frumkin, Dr.
J. Powney and Dr. L. J. Wood, Dr. S. R. Craxford, Dr. A. j.
Ham, Prof. R. A. Gortner, Prof. A. J. Rutgers, Prof. R.
Audubert, Prof. L. S. Moyer, Dr. E. A. Guggenheim, Dr.
J. W. Wrzeszinski, . E.J. W. Venvey, Dr. A. S. McFarlanc,
Dr. S. Levine, Prof. B Derjaguin . . 711

A Thermodynamic Study of Bivalent Metal Halldes in Aqueous
Solution—

Part I. The Activity Coefficients of Magnesium Halides at 250.
By R. A. Robinson and R. H. Stokes . 733

Part Il. The Activity Coefficients of Calcium, Strontlum and
Barium Chloride at 250. By R. A. Robinson . 735

Part Ill. The Activity Coefficients of Potassium and Cadmlum
lodide at 23°. By R. A. Robinson and (Miss) Jean M. Wilson 738

Part IV. The Thermodynamics of Zinc Chloride Solutions. By

R. A. Robinson and R. H. Stokes . . . 740
The Crystal Structure of Conjugated Hydrocarbons at Low Tempera-
tures : (1) Butadiene. By C. J. Birkett Clews . 749

Kinetics of the Reaction of lodine with Hypophosphorous ACId and
with Hypophosphites. By R. O. Griffith, A. McKeown, and

R. P. Taylor . 752
Kinetics of the Reaction of Iodlne W|th Phosphorous ACId and with

Phosphites. By R. O. Griffith and A. McKeown . . . 166
The Interaction between Nitrogen Molecules. By J. Corner . . 780

The Explanation of a Rule for Critical Temperatures. By J. Corner 781

Measurements of the Pressures due to Monolayers at Oil-Water
Interfaces. By Frederick Anderton Askew and James Frederick
Danielli . . . . . . . . . . 785

Review of Book . . . . . . . . . . 794

GURNEY AND JACKSON
LONDON: 98 GREAT RUSSELL STREET
EDINBURGH: TWEEDDALE COURT



OFFICERS AND COUNCIL, 1939-1940.

President.
Prof. E. K. Rideal, M.B.E., D.Sc., F.R.S.

Vice-Presidents who have held the Office oj President.
Sir Robert Robertson, K.B.E., D.Sc., F.R.S.
Prof. F. G. bonnan, C.B.E., Ph.D., F.R.S.
Prof. C. H. Desch, D.Sc., F.R.S.

Prof. N. V. Sidgwick. Sc.D., D.Sc., F.R.S.
Prof. M. W. Travers, D.Sc., F.R.S.

Vice-Presidents.
Prof. J. E. Coates, O.B.E., D.Sc. Prof. \V. C. M. Lewis, D.Sc., M.A., F.R.S.

Prof. A. Ferguson, D.Sc. C.C. paterson, D.Sc.,, O.B.E.
Prof. R. H. Fowler, O.B.E., Prof. R. W hytlaw -G ray, O.B.E., Ph.D .,
M.A., F.R.S. F.R.S.

Honorary Treasurer.
R. E. slade, D.Sc.

Chairman of the Publications Committee.
Prof. A. J. Allmand, D.Sc., F.R.S.

Council.

Bowen, M.A., F.R.S. F. D.
Bury, B.A. W.
D.

J. iles, D.Sc.
R.

J. Fox, O.B.E., D.Sc.

of.

L

M
J. Shutt, D.Sc.
W. G. style, Ph.D.
f. S. Sugdkn, D.Sc., F.R.S.

r 0
J. Walker, Ph.D.

W. E. Garner, D.Sc., F.R.S. P
essing, Ph.D. 0.

ToeOm

Secretary and Editor.

G. S. W. Maritow, 13 South Square, Gray’s Inn, London, W.C. 1.
(Telephone: Chancery 8101.)

Publication Committee.
Prof. A. J. Allmand, D.Sc.,, F.R.S. (Chairman).
Prof. F. G. bonnan, C.B.E., F.R.S. Prof. W. C. M. Lewis, D.Sc, F.R.S.

Prof. A. Ferguson, M.A,, DSC H. Moore, C.B.E., D.Sc., Ph.D.

Prof. W. E. Garner, DSc, F.R.S. Prof. J. R. Partington, D.Sc.

C. F. Goodeve, D.Sc., F.R.S. Prof. M. Polanyi, Ph.D., M.D.

F,. Hatschek, F.lnst.P. J. N. Pring, D.Sc.

Prof. C. N. Hinshelwood, Sc.D., Prof. E. K. Rideal, M.B.E., D.Sc.,
F.R.S. F.R.S.

Miss D. Jordan-Lloyd, D.Sc. Sir Robert Robertson, K.B.E., D.Sc.,

Prof. J. E. Lbnnard-Jones, D.Sc., F.R.S.
F.R.S. D. W. G. style, Ph.D.

O.J. walker, Ph.D.
Past Presidents.

1903-1904—Sir Joseph Swan, F.R.S.
1905-1907— Lord Kelvin, O.M. G.C.V.O., F.R.S.
1907—Sir W illiam Perkin, LL.D., F.R.S.
1908-1909— Sir O liver Lodge, FR S.
1909-1911—Sir James Swinburne, Bart., F.R.S.
1911-1913—Sir R. T. Glazebrook, K.C. B, F.R.

1913-1920—Sir R. A. Hadfield, Bart.,, D.Met., F
1920-1922—Prof. A lfred W. Porter, D.Sc., F.R.
1922-1924—Sir Robert Robertson, K.B.E., D.Sc, F
1924-1926—Prof. F. G. Donnan, C.B.E., Ph.D., F.R
1926-1928—Prof. C. H. Desch, D.Sc., Ph.D. F.R S.
1928-1930—Prof. T. M. Lowry, D.Sc.. FRS
1930-1932—Sir Robert L. Mond, LL.D., F.R
1932-1934—N. V. sidgwick, Sc.D., D.Sc., F.R.S.
1934-1936—W. Rintoul, O.B.E.
1936-1938—Prof. M. W. Travers, D.Sc., F.R.S.



THE ELECTRICAL DOUBLE LAYER.

GENERAL DISCUSSION.*

Dr. M. H. Gorin (New York) (with regard to the paper of Tiselius
and Svensson, page 16) : In comparing the procedures of obtaining the
net charge of proteins by membrane potentials and titration curves two
points arise. Titration curves primarily give information about acid
and base binding and cannot without further assumptions be used to
furnish information about specific interaction of the protein with other
ions in the system. On the other hand', in the ideal sense, membrane
potentials should give this information and, therefore, should yield an
unequivocal value of the net charge. However, in the presence of con-
siderable electrolyte and protein some uncertainties are present in the
interpretation and corrections involved in the calculation of the net
charge from membrane potentials. Titration data, on the other hand,
obtained in regions not far removed from neutrality yield definite in-
formation about changes in acid and base binding, for the titration
correction in the change in hydrogen ion of the solventis usually negligibly
small under these conditions.

The method introduced by Abramson 1 for determining the net charge
from titration curves in the neighbourhood of the isoelectric point involves
the assumption that in this region the binding of ions other than hydroxyl
and hydrogen is approximately independent of pil. This assumption
appears to be ordinarily justifiable since the non-specific interaction of
ions with protein should be expected to depend on the total charge of the
protein rather than upon its net charge. In addition, this assumption
also has justification because of its success in correlating experiment with
theory.

The two methods (titration curve and membrane potential) cannot be
directly compared in the case of the very valuable data of Tiselius and
Svensson for the measurements are so far removed from the isoelectric
point that the assumption involved in applying the titration curve analysis
would be open to question. In comparing, however, the conclusions of
Tiselius and Svensson based on the present data and the conclusions of
Moyer and Abels 2 on some of Tiselius’ older data in the neighbourhood
of the isoelectric point, there remains a discrepancy of20 %. It wasshown2
that in order to get agreement with the equation

Qf(xy)
67T7jr(l -f- Kf)
that a value of the radius of 3276 a. had to be assumed. On the other
hand, Tiselius and Svensson were able to get agreement using membrane

potential data by assuming a value of 27-5 a. for the radius. This amounts
to about a 20 % difference in the predicted mobility from the same data.

*On papers published in this volume at pages x et seqq. o

tH. A Abramson, /. Gen. Physiol., 1932, 15, 575 ; Electrokinetic Pkenomena,
New York, 1934, Chapter V.

5 Moyer and Abels, /. Biol. Chetn., 1937, 121, 331.

2H. A. Abramson, M. H. Gorin, and L. S. Moyer, Cheni. Reviews, 1939, 24, 345.

26 7ir



712 GENERAL DISCUSSION

The comparison above, of course, is made at ionic strength of 0-02. The
discrepancy between the two methods would undoubtedly disappear at
infinite.

It would be of interest to apply the more complete equation 3

v Qftm(l s *
owyli + Kby + 1))’

where rt is the “ average ” radius of electrolyte ions in the solution, to
the data of Tiselius and Svensson. The term (1 4- nr,) would be of con-
siderable importance at the higher ionic strengths (for r, = 3-0a.,
1 - Kr, = 1-437 at x= 0-20).

Prof. G. S. Adair (Cambridge) : Dr. Gorin has expressed doubt as to
the values of the valence of egg albumin quoted by Tiselius and Svenson 1
on the grounds that the conditions are unfavourable for the application
of Abramson's method of calculation. It would appear that he has over-
looked the fact that these values for the valence of egg albumin are sup-
ported by an extensive series of measurements of membrane potentials
with different concentrations of protein, different ionic strengths of buffers
and varying proportions of bivalent and univalent phosphates. More-
over, confirmatory evidence has been obtained from determinations of
osmotic pressures and the distribution of ions across the membranes.5

No colloidal electrolyte is known to me for which the evidence for the
value of the valence (z,) is better established.

Prof. H. A. Abramson (New York) (on the same paper) : It is always
a pleasure to hear from Professor Tiselius. There are several points in
his paper which are of interest to me at this time. Prof. Tiselius mentions
that Moyer and | have studied the relation between the migration velocity
of protein-coated particles and the titration curves of the respective
proteins. | would like to add that we have not only studied the migra-
tion velocity of protein-coated particles but we also have compared the
electric mobility of dissolved protein with the titration curves of the
protein. Examples of this type of comparison on the electric mobility
of dissolved protein and the titration curves of dissolved protein were
given at the symposium and have also been published elsewhere. The
data for the dissolved proteins were those taken from Tiselius’ own work.
In addition, the effects of gelatin and deaminized gelatin coated quartz
particles in aqueous media and in alcoholic media have been definitely
correlated with the titration curves. Indeed, the titration curve of
deaminised gelatin has been predicted from electric mobilities. All of
these data, both for dissolved proteins and adsorbed proteins, fit in with
the notion that the titration curves are certainly very-useful in handling
problems dealing with the net charge of proteins and that the titration
curves within the limits of experimental error and within boundaries of
reasonable assumptions still may function to aid in the explanation of
electrokinetic data.s

Investigators who publish data on the microscopic method of electro-
phoresis should give a value for some standard particle obtained by their
technique. In this way a better basis for discussing the theory of electro-
phoresis will be obtained.

Many measurements appearing in the literature are not quantitative,
although quantitative conclusions are frequently drawn. May | therefore
suggest that the human red cell be adopted as a standard when suspended
in m/15 phosphate buffer at pi\ 7-4 ? This solution has a specific resistance

1 Tiselius and Svenson, Trans. Farad. Soc., 1940, 36, 16.

5Adair and Adair, ibid., 23.

5 See, for example : H. A- Abramson, /. Gen. Physiol., 1932, 15, 575 ; J.
Daniel, ibid., 1933, 16, 457 ; L. S. Moyer and J. C. Abels, J. Biol. Client., 1937,
121,331 ; L. S. Moyer and H. A. Abramson, ibid., 1938, 123,391 ; M. H. Gorin,
L. S. Moyer, and H. A. Abramson, Chcm. Rev., 1939, 24, 2.
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of approximately 126 ohms. The value for the electrical mobility of the
red cell which | obtained about ten years ago has been confirmed by Moyer
and also by other investigators at the General Electric Company.

Dr. J. J. Bikcrman (Glasgow) : on the papers of Abramson and of
Powney and Wood (pp. 15,59) : The charge-
concentration curves of Abramson (p. 15) are
calculated neglecting the effect of the surface
conductance on mobility. In order to show
the magnitude of this effect Fig. i opposite
has been drawn. It is based on Fig. 1 in
the paper of Powney and Wood (p. 59), and
refers to their curve for NaCl. The normality
of NaCl is plotted on the abscisse. Curve 2
shows the £ potential calculated from equa-
tion (8) on page 157, and has to be com-
pared with curve 1 which represents the
uncorrected values of £and is identical with
the NaCl curve of Powney and Wood. It is
seen that £in water (whose conductivity was 005
2-io_c ohm-1 c¢m.-1) was about 0-093 volt;
according to Smoluchowski this value would
correspond to the mobility of 7-4 ¢i/sec. per
volt./cm. Consequently the introduction of

the surface conductance lets disappear the *4
maxima of £ for NaHCOa and Na2CO,;
only NaOH considerably increases the poten- 5

tial of paraffin oil droplets. The little pre-
cision of the calculation does not warrant a
decision 011 the maxima of the curves for n
Na2si03 and NaJPjO,. n

Curve 3 represents the surface charge
densities a ((in arbitrary units) based on
curve 1 and starting, like Abramson’s curves,
from nothing at concentration = o. When Fig.i.
the corrected values of £ are used and the
ions present in water are taken into account, curve 4 results. It is seen
that the increase of charge on an addition of electrolytes is less pro-
nounced than Fig. xo on page 15 would let one believe.

Prof. A. Frumkin (Moscow) (on the paper of Powney and Wood) : It
is of interest to mention the paper of A. Gilman and N. Bach,” who ob-
served that a gas bubble acquires a negative electrokinetic charge in a
solution of sodium palmitate and a positive one in a solution of tetra-
isoamyl-ammonium chloride.

Prof. H. A. Abramson (New York) (in reply to Dr. Bikerman) : The
charge concentration curves calculated by Dr. J. J. Bikerman are of great
interest, and | am very pleased to see that the general shape of Bikerman's
a-c curve agrees with that already published. Unquestionably, Dr.
Bikerman’s correction in the lower concentration range is of immediate
importance. Also, pertinent to our discussion is the fact that the shape
of Dr. Bikerman’s curve approaches our curves at higher concentrations
of salt where the correction for surface conductance becomes very small.
There is one point which | believe should be clarified. Dr. Bikerman has
stated that my curves start from zero where the concentration is equal to
zero. As a matter of fact, all of the o-c curves which | have published here
and elsewhere have been corrected as far as possible for the ions present
in the water itself. This is done in the following way : It is assumed
that at room temperature there are about 1 x xo-5 moles per litre of
carbonic acid dissolved. Since k'a of carbonic acid is of the order of

7 Acta Physicochimica, U.R.S.S., 1935, 9. 27
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3 x i0-’, a solution in equilibrium with the carbon dioxide of the air has
approximately 2 x io-0 moles of H+ and HCO03-. |In order to calculate
the change of the net charge due to added salts, the value of the net charge
in this equilibrium water should be first estimated. Therefore, if oT is the
charge due to the ions of dissolved carbonic acid and the added salt, and
cw that due to the ions of the carbonic acid alone, the charge due to the
salt is evidently a = aT — This relationship has been used to calcu-
late the values of agiven in all of my curves, both in the paper presented
at this meeting and elsewhere. Of course, it is possible that the effect of
the carbonic acid ions varies with the ionic strength but that effect should
be quite unimportant compared with other corrections which are proposed
by Dr. Bikerman. | shall look forward to seeing calculations made by
Dr. Bikerman’s equation and the simpler form with comparison of the two
types of curves. In this case the correction for the ionic strength of water
should be the same.

Dr. J. Powney and Dr. L. J. Wood (London) (in reply to Professor
Frumkin) : Although we have no data for cataphoretic mobilities in solu-
tions of tetra-isoamyl ammonium chloride, it is perhaps worth mentioning
that we have recently found that 0-2 % tetra-methyl ammonium iodide
produces no reversal of charge on Nujol droplets, the small decrease in
mobility (towards the anode) being comparable with that produced by
the addition of sodium chloride. The interfacial activity of 0-2 % tetra-
methyl ammonium iodide is only slight (y xylene = 34 dynes/cm. at 200C.).

Dr. S. R. Craxford (London) (on Ham and Dean’s paper, p. 52) : The
Gouy-Debye-Hiickel equation for the diffuse part of the double layer

Qdirr
4 D(i + xr)

allows the charge density a either to increase or to decrease as £ decreases,
according to how kis changing, but Drs. Ham and Dean appear to reject
the theory as unnatural when it allows a to increase while £ decreases.
From their results in Table | therefore, they consider the theory to break
down above a concentration of about o0-ooo00i, but yet according to the
results in Table Il it holds good up to 0-005 m- Actually for these exceed-
ingly small potentials there is no reason for the Debye-Hiickel-Gouy
equation to break down seriously below about o-oor m. They also say
that as the amount of LaCl3added increases and aincreases while £becomes
very small, then if the LaCl3 had been a little more active £ would have
become zero and hence a would have had suddenly to decrease from a
high value to zero, which would be improbable. Here it seems that it is
the supposition which is itself improbable, because £is only approaching
zero asymptotically and will never reach it. Hence a may go on steadily
increasing (up to the limit of applicability of the theory). Finally, Ham
and Dean rightly accept the Stern theory of the double layer in spite of
the fact that it contains this Gouy equation for the diffuse part of the
layer, and degenerates to it for very dilute solutions and very small poten-
tial differences.

Dr. J. J. Bikerman (Glasgow) (on the same paper) : Paraffin oil emul-
sions coagulate when their £potential falls below about 0-03 volt. Is any
explanation forthcoming of why the octadecane sols were stable at £ = 0-00x
volt ? It is true that the measurements were carried out some degrees
below the freezing point of octadecane, but this fact alone cannot account
for the extraordinary difference of stabilities.

Dr. A. J. Ham (Liverpool) in reply: The experience of this laboratory
is that the critical £ potential of 0-03 volt claimed by Powis 8 has little
significance for much work on hydrocarbon-water emulsions. Other
hydrocarbons have given results closely analogous to those which we
guoted for octadecane, and it appears that the time factor is all important.

8z .physik. Chem., 89, 186
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All such emulsions will coagulate eventually, and Powis’ data refer to ap-
preciable changes in turbidity over a matter of days as ‘‘rapid coagulation.”

In our experiments emulsions were prepared and left for 24 hours
when particles of approximately uniform size remained, coarser particles
leaving the emulsion. Various salts were then added to such emulsions
— in some cases rendering £ as low as o0-ooi volt—and a mobility deter-
mination made ; the salts did not affect the stability of the emulsions in
the time during which temperature equilibrium was being reached and
determinations of mobility carried out, which in no case exceeded one hour.

Dr. J. J. Bikerman (Glasgow) (on the paper of Prof. Gortner, p. 66) :
| agree with Professor Gortner that the high streaming potentials ob-
served in his laboratory “ can only be accounted for by assuming a transfer
of ions from one electrode to the other.” | would only suppress the
word " high ” as it is difficult to envisage a constant current produced by
displacement of dipoles only. If we admit that streaming potentials
(and the £ potentials derived from them) are due to ions, then the ions
present in the organic liquids (as distinct from the liquids themselves)
will be responsible for the observed effects. Some ions may have contam-
inated the liquid before it has been placed in the streaming cell, some
others may enter the liguid from the cellulose or alumina membranes;
in a few cases the electrolytic dissociation of the liquid may also produce
ions. The relative importance of these various sources of ions can be
estimated when the specific conductivity of the liquid both outside and
in the diaphragm is known.

Table 1 is obviously misprinted as the ratio £: Se is not always the
same for cellulose and ALO3.

Prof. R. A. Gortner [Minnesota), in reply to Dr. J. J. Bikerman : The
origin of the potentials is unquestionably due to ” the transference of
ions from one electrode to the other,” but the real problem is why there
are sign reversals in a given solid-liquid homologous series. W ith such
reversals the sign of the potential can hardly be due to ions derived from
the solid phase. Since such reversals are shown where both cellulose
and Al20sare the solid phase and since certain systems give rise to a different
sign against a cellulose surface than is the case for an A130 3surface, it would
appear from our studies that the solid surface has a specific influence upon
the “ dissociation ” of the liquid. It was this possibility which led me to
suggest " that a specific surface forces a dissociation of these organic mole-
cules.”

| doubt very seriously whether the ionic behaviour can be estimated
by comparing only the specific conductivity of the liquid outside and in
the diaphragm. Certainly such studies would not reveal the sign of the
potential nor apparently the magnitude of the potential. *“ Surface

conductance " e is relatively im-
portant in cellulose-organic liquid
systems, i.e., the conductance in TABLE 1.
the diaphragm is much larger than o Cellulose-liquid Interface
conductance of the liquid in bulk. Organic Liquid. E(es.u. X 10%).
On the other hand surface con- Methyl alcohol . 464-1
: T Ethyl alcohol . 136-3

ductance in Al20 3-organic liquid «-propyl alcohol 101-3
systems is _not an important factor. ¢so-propy! alcohol 112-8

I am indeed grateful to Dr.  «putyl alcohol . 265-2
Bikerman for calling attention to ¢so0-butyl alcohol 66-4
certain gross errors in the calcula-  «-hexyl alcohol . 118-4
tion of some of the data in the «-heptyl alcohol . i8-S

table on page 66. The values for

ac of all of the alcohols in contact with cellulose, with the exception of
heptyl alcohol, are in error by a misplacement of the decimal point and
should be ten times as great as printed. | have recalculated the original
data with the results shown in Table 1.

8 CcHoid Symposium Monograph, VI, 41-52, 192s.
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In recalculating the original table two other errors were found. 5s
for «-propionic acid : A1,0, should be i6-0 x i0o-6 instead of 16-7 x i0o~°
as printed, and the {-potential for ethyl «-propionate : A120 3 should be
— 19-1 mv. instead of — i0-S mv. as printed.

W ith the above corrections the ratios of { to Se are all within satis-
factory agreement. Minor differences in the ratios are accounted for by
normal experimental errors.

Dr. J. J. Bikerman {Glasgow), to the paper of Rutgers, pp. 71, 76:
Equation (8) on p. 71 assumes that the walls of the capillary arc perfectly
smooth. In reality every glass surface, and especially that cleaned by
strong acids, etc., is rough, and the ratio Q : S of the circumference of the
capillary to its cross-section is larger than 2/r, r being the radius of the
capillary. Fortunately a reasonable increase of the factor 2jr alters the
value of £ (see equation (15)) by a few per cents, only, but it strongly re-
duces the value of the surface conductance a,, (see equation (14)). If
the real surface area of the capillaries was 4 times as large as their geo-
metrical area then the values of for very dilute KC1 solutions would
agree with the theoretical values. But there is certainly no agreement
between the theory and the high values of (t, in more concentrated KC1
solutions. Maybe the more detailed account of the experiments by
Mr. Verlende will help to clear up this discrepancy. It is, of course,
obvious that the error made when calculating from equation (14) is
the higher the nearer are the values of and £t.

Prof. A. J. Rutgers [Ghent], in reply: | do not think that Eqn. (8)
assumes that the walls of the capillary are perfectly smooth. From
Eqn. (8) it follows that is the surface conductance per cm. of circum-
ference of the capillary, this circumference being measured with the ordinary
macroscopic means. The only supposition made is, that this awwill be
the same for walls of capillaries of different diameters, which seems a
very plausible assumption. As a consequence of this | think that Eqn.
(14) and Egn. (15) need no correction.

The point raised by Dr. Bikerman becomes important as soon as we
try to compare experimental and theoretical values of a Nevertheless
I think that the big ratio of calculated and theoretical values of (U can
only partially be explained by the lack of smoothness of the wall; this
ratio, e.g., depends strongly on the concentration of electrolyte, and it
is difficult to understand why the correction factor, provided by the lack
of smoothness—which is of a geometrical nature— should depend so
strongly on concentration.

Dr. J. J. Bikerman {Glasgow), to the papers of Craxford, Frumkin, and
Barclay and Butler, pp. 89, 125, and 129 : The capacity of the double layer
calculated from the theory of Gouy is 250 ¢(xF/sq. cm. according to Craxford
(p. 89), 240 fiF/sq.cm. according to Barclay and Butler (p. 129), and 2-36
pF/sq. cm. according to Frumkin (p. 125). | find in agreement with
Frumkin 2-3 /xF/sq. cm. for the minimum of the capacity curve in a
io~4 x solution at 20°. At the potential 0-233 v°It (the potential at the
minimum is assumed to be zero) Gouy’s capacity is 24 /xF/sq. cm. whilst
the lowest curve of Fig. 4 (p. 124) gives 15 and 27 «F/sg. cm. In view of
the fact that Gouy’s theory is perfectly general and contains no adjustable
constants the agreement is rather convincing. It would be futile to
expect a closer agreement here or an agreement at still higher potentials
or higher concentrations as Gouy’s derivation neglects the inter-ionic
forces ; already at 0-233 volt in io~4 n solutions the concentration of
" counter-ions ” at the mercury-solution boundary' is about 1 x, that is
so large that individual properties of ions (their apparent radius, etc.),
can no longer be neglected. An extension of Gouy’s theory' so as to
include the inter-ionic forces would be more satisfactory” than the
cutting of the potential field in two independent parts like those assumed
by the theory- of Stern.
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May | also correct a statement repeated in several papers ? Helmholtz’s
double layer does not consist of two condenser plates ; that is the picture
suggested by Lamb. There is no contrast between Helmholtz's and Gouy’s
theories, but Gouy determined the relation between potential and distance
which was indefinite in Helmholtz’s equations.

Prof. A. Frumkin (Moscow), on the paper by Craxford, p. 93 : Dr.
Craxford quotes my paper in Z. physikal. Chem., 1923, as supporting the
concentration polarisation theory of clectrocapillarity which he rejects.
I think this indication is incorrect. | never expressed the opinion that
the surface conditions of mercury in the capillary electrometer are deter-
mined in a kinetic sense by the volume concentration of mercurous ions
regardless of the value of this latter. The kinetic mechanism is not dis-
cussed in the paper quoted, but considering in another paper the mechanism
of the dropping electrode,10 | make just the same distinction between the
behaviour of mercury in solutions containing high and low concentrations
of mercurous ions as Dr. Craxford.

The use of thermodynamic symbols relating to mercurous ions in the
solution in the derivation of Lippmann’s equation appears to me legitimate
as far as an idealised equilibrium system is concerned ; the results obtained
must be certainly correct independently of the physical meaning of the
concentrations involved. Besides, the difficulty encountered in deriving
Lippmann’s equation from the equation of Gibbs if there is any can be
avoided if the mercurous ion is considered as a component of the metallic
phase. The equilibrium conditions are certainly not strictly realised in
the capillary electrometer, and it is impossible to say a priori without
further experiments whether the result of the thermodynamic theory can
be applied to the experimental electrocapillary curve, but the same can
be said if Lippmann’s equation is derived from the conception of a com-
pletely polarisable electrode.

Dr. S. R. Craxford (London), in reply: It is very gratifying to receive
Professor Frumkin’s unambiguous statement that he also rejects the con-
centration polarisation theory as the kinetic basis of the behaviour of a
polarised mercury solution interphase. But in spite of this he is still
prepared to use this admittedly false assumption as the basis of the thermo-
dynamical theory of the interphase, " as far as an idealised equilibrium
system is concerned ”. Since thermodynamics is merely another way of
writing the results of the kinetic theory, it cannot be sound to apply thermo-
dynamic equations to systems of such low concentration that the usual
kinetic theory equations become meaningless. His use of the thermo-
dynamic theory of concentration polarisation for such cases made it not
unreasonable to suppose that he also believed the assumptions underlying
those equations to be true.

Dr. S. R. Craxford (London), in reply to Dr. Bikerman : | had not
stressed the point about the high capacities obtained from Gouy’s theory
of the diffuse layer, since that theory is

only important nowadays as a special case TABLE 2.

of Stern’stheory. But since Dr. Bikerman )

has questioned the figure | quoted, | will  JSggSfcSffi Capacity/cin.3
supplementit by Table 2 recalculated from 74
Gouy1l for n/io solutions. For similar 0-176 77
surface charges these capacities are all very 3-31 85
much bigger than the experimental value 12-8 131

of 19-5 microfarads. It is not surprising 26-0 202
that Dr. Bikerman’s results in 0-0004 N 41'3 212
solutions agree with Gouy’s theory because i31-° 590

for such dilute solutions Stern’s equation
approximates to Gouy’s. But however Gouy’s theory is elaborated by
taking inter-ionic forces into account, it will still be impossible to make

10 Erg. ex. Naturwiss., 1928, 7, 243. 11 Ann. Physique, 1917, 7. 163
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it into a general theory of the double layer, as it can give no information
about the one integration limit required for its completion, i.e., the number
of ions in contact with the interface. Stern’s assumption as to this may
not be perfect but it is the only one produced so far.

Dr.J.J. Bikerman (Glasgow), in reply to Dr. Craxford : According to
Gouy’s equations the concentration of " counter-ions ” near the surface,
when the surface in a n/io solution is charged to 131 microcoulombs/cm.2
is some 500 n. It is evident that the equations are not applicable in such
cases, whatever the experimental value for the capacity might be.

It seems natural to attempt an adaptation of the theory of Gouy to
higher concentrations and higher potentials without sacrificing (as Stern’s
theory does) the sound basis of Gouy’s reasoning.

In addition to inter-ionic forces there must be considered the com-
petition between ions and the molecules of solvent for the space near the
interface. If the field intensity in the distance x from the interface is X
(towards the boundary), the force on the charge e is Xe. If the molecule
of the solvent has the moment ji the force pushing the molecule to the
boundary is — ndX/dx. Both " counter-ions ” and dipoles tend to crowd
into the surface layer. As the compressibility of liquids is very small, an
ion can move nearer to the interface only by displacing (approximately)
one molecule from its position. The resulting electric force on the ion is,
therefore, Xe — (— jidX/dx) instead of Xe as before. When the double
layer is very diffuse dX/dx is small, and the original equations of Gouy
are valid ; at high densities of charge and high concentrations dX/dx is
large and reduces the attraction of “ counter-ions ” to the interface quite
considerably. Thus, the term jxdX/dx makes the diffuse double layer
more diffuse; its “ thickness” increases and, consequently, its capacity
diminishes.

If Xe were equal to — fidX/dx the resulting electric force on the ion
were = 0. As jxeis about 4-io-8 cm., this would occur if the chief drop
of the potential took place in a layer g-io-5 cm. deep. The " equivalent
thickness of the double layer ” corresponding to the capacity of 590 fii'/sq.
cm. is about cm. The term jxdX/dx in this case is of the same
order of magnitude as Xe.

A detailed discussion of the above theory will be published later. Then
Stern’s assumption will cease to be " the only one produced so far.”

Dr. Craxford maintains that Gouy’s theory gives no information
regarding the number of ions in contact with the interface. If the con-
centration of ions far from the interface is C, and the potential difference
between the water side of the interface and the solution far from it is £

then /the average concentration of ions in contact with the interface is
CAFilRT.

Dr. S. R. Craxford (London), on the paper of Kruyt and Overbeek,
p. no : Professor Kruyt’s system of silver iodide particles in a solution of
sodium iodide which also contains
TABLE 3. a Ag/Agl electrode to measure
the iodide ion activity, may be
. I. n. represented as in Table 3.
When considered in this way
it is difficult to see anything in
Na + I - the argument on pp. 113 and
Solution Na + i ~ Solid Solid 114 more profound than the bald
of Nal Na + i Agi A assumption that the change in
Na T 9 9 ‘ .
| Aumw <€ on adding excess of a
foreign electrolyte is equal to the
potential difference across the
part of the double layer. Before adding the foreign salt

Na +

IAm = const. + In at—
r
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After the addition, the double layer changes as in Table 4, and

IAm €= const. + "_Tln a\~.
i

The following factors control ax —

(1) It is decreased by adding foreign electrolyte, quite apart from any
interchange of 1* with the double layer.

(iila) It is increased by the suppression of the diffuse layer, the iodide
ions forming this layer moving
out into the bulk of the solution. TABLE 4.

(iife) It may be increased or
decreased by subsequent adjust-

ment of the adsorbed layer. . 1. .
(iii) It is decreased by specific

adsorption of the foreign electro-  golution of . .

lyte, more |- having to enter the Nal and Ng I : b SA?QI;? SAoIgld

layer from the bulk of the solu- foreign salt
tion to maintain the potential.

Professor Kruyt neglects (i)
and (iii), and then, in order to explain the experimental fact that a\- is
less than ax he assumes that (ii6) out-weighs (iia). This is equivalent to
saying that the electrostatic capacity of the diffuse layer is less than that
of the adsorbed layer, which is incorrect. (See my reply to Dr. J. J.
Bikerman in this discussion.)

Dr. J. J. Bikerman {Glasgow), on same paper: | am unable to under-
stand the method of De Bruyn, and hope his own publication will contain
a more detailed justification of equation (4). In the meantime | would
like to have a clear picture of the experimental side. The e.m.f. of a cell
Agl(solid)/suspension of Agl + some Nal/liquid junction/reference elec-
trode is measured ; then to the suspension a large excess of a nitrate is
added, and the e.m.f. determined again. The difference between both
values of the e.m.f. is supposed to be equal to the £ potential of the Agl
suspension before addition of the nitrate. Is this a fair account of De
Bruyn's method ?

Prof. A. Frumkin [Moscow), on paper by Barclay and Butler, p. 132 :
The significance of the two flat stages on the curve expressing the rela-
tion between the potential and the charge of the electrode in presence of
amyl alcohol can be readily explained. As it is known from electro-
capillary data, amyl alcohol is not adsorbed with sufficiently high positive
charges of the mercury surface. |If the positive potential is decreased
the adsorption sets in at a fairly definite value of the potential and a
unimolecular layer of amyl alcohol is formed. With further negative
polarisation we can reach another limit of the existence of this layer, the
transition being in this case less sharply pronounced as on the positive
branch. A molecular theory of this transition has been given elsewhere.12
As the transitions from a surface covered only by an ionic double layer
to one covered by a layer of amyl alcohol molecules and vice versa
necessitate a large change of the surface charge and a corresponding
consumption of the polarising current, two fiat stages on the oscillogram
must appear. In the first stage a large part of the initial positive charge
of the mercury is removed and in the second a part of the negative charge
is communicated. If instead of measuring the charge of the electrode
we measure the capacity as a function of the potential two maxima must
appear on the resulting curves, corresponding to the two fiat stages on
the oscillogram given on p. 132. Such measurements have been carried
out with octyl alcohol solutions by Proskurnin and Frumkin 13 and with

12 Frumkin, Z. Physik, 1926, 35, 792.
12 Trans. Faraday SoC., 1935, 31, 115.
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buytl alcohol solutions by Ivsenofontov, Proskurnin and Gorodetzkaja.i4
Fig. i, taken from the latter paper, shows that this maxima occur indeed
at potentials which correspond to the limits of the adsorption region of
the organic molecules marked on the electrocapillary curves by well
pronounced breaks.

Dr. J. J. Bikerman (Glasgow), on paper of Audubert, p. 146 : The
equations used by Professor Audubert are rather empirical than theoret-
ical since the theory underlying them does not apply to colloids. As |
have already pointed out 16 the impossibility of transferring Debye’s equa-
tions to sols | will restrict these remarks to a comparison between the
observed mobilities and those given by equation (3).

From Fig. 6 and 7 it is seen that i/aA is about 50.x0-3; hence

aAVp>1when y'x1> 5° mi°"3- At the concentrations involved aAV j
obviously is less than 1. Equation (3) requires then an almost linear
increase of mobility with the radius a of the particle. This is in contra-
diction with experiments. If aislarge and aA is over 1000 (see Table 1V)
equation (3) shows that the mobility is almost independent of the con-
centration above, say, vV = o0-0i; this is not confirmed by experiments.

The values recorded in Table | are not convincing. The particles
of the AssS3 sol used by Freundlich and Zeh were invisible in ultra-
microscope and therefore very probably less than 1-43 . x0-0 cm. On the
other hand mastic sols usually have larger particles of the order of
magnitude of 10—1cm. (see Table 4).

Prof. R. Audubert (Paris), in reply: (1) In agreement with the
remark of Bikerman, the data recorded in Table | are not intended to
represent real radii of the particles of the systems investigated. Indeed,
the calculation gives only average radii since the listed sols and suspensions
are heterodisperse.

(2) Equation (3) questioned by Bikerman is confirmed only in the case
when the hypotheses on which it is based are valid (E = 4na-0). That is
the reason why it was preferred to take for the variable, instead of the
mobility u, the relative change u/uo of the mobilities, see equation (4).
This relation is not experimental; it is an expansion of the theories of
Debye to disperse systems. Experience shows that it is indeed confirmed
in the range of small concentrations; the agreement is the better the
smaller is the valency of the ions. Equation (4) assumes that the charge
E is constant. The observed disagreement between the relative mobilities
calculated from (4) and those measured can be interpreted as due to a
variation of E. When applied to mastic granules this hypothesis is con-
firmed by experiments (equation (13), Table V).

We believe, therefore, that the theory of Debye and Hueckel in its
simple form is applicable to disperse systems at very large dilutions only;
at smaller dilutions it is necessary to assume a variation of E with the
ionic strength of the intermicellar liquid. In the range of high concentra-
tions the classical theory of Debye cannot be used, as it is not allowed,
then, when developing the exponential function, to neglect the terms of an
order higher than unity.

Prof. L. S. Moyer (Minnesota), on paper of Bikerman p. 157: In re-
gard to the statement of Bikerman that the values previously obtained
by Moyer and B ullia for the charge density at cellulose surfaces will be
altered by consideration of the surface conductance, it may be well to
mention that our calculations were based on streaming potential data of
Bull and Gortner.17 In their data, corrections for the influence of surface

u Acta Physicochimica, U.R.S.S., 1938, 9, 41.

15 J. J. Bikerman, Z. Electrochem., 1933, 39> s ~&

10L. S. Moyer and H. B. Bull, J. Gen. Physiol., 1935, 19, 239.

17 H. B. Bull and R. A. Gortner, J. Physic. Chem., 1931, 35, 309, 456, 700.
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conductance had been introduced by measurement of the specific con-
ductance within the pores of the diaphragm. The procedure used was.
that of Briggs.18

Dr. S. R. Craxford {London), on Guggenheim’s paper, p. 139 : For
a double layer of unspecified ionic distribution the equation for electro-
osmosis, for example, is obtained by combining the Poisson equation.,
with the Stokes-Navier law, and is

« - Th-WH - by W

This involves a number of assumptions, one of which is that D, the
dielectric constant, is constant throughout that part of the double layer
that is responsible for electrokinesis. If D were not constant there is no
reason to suppose that the electro-osmotic equation would take the above
form. Dr. Guggenheim considers the equivalent condenser, with capacity

. | | n <>

and assumes in his turn firstly that the electro-osmotic equation has the
form of (1) in spite of the variable D, and secondly that D in (1) is the same
as Diin (2). He is thus enabled to eliminate D and £and replace them by
the moment of a condenser equivalent to that part of the double layer
responsible for electrokinesis. His equation, therefore, seems to be no
freer from assumptions than (1), and it would be difficult to maintain that
the moment of the equivalent condenser gives a clearer picture of electro-
kinetic phenomena than the potential difference across the diffuse and
slipping double layer.

The argument that the moment comes in directly and naturally if
the electrokinetic equations are derived from the concept of a parallel
plate condenser at the interphase, as was done first by H. Lamb, is notw
valid, because the fact that the correct equation can be derived from a
false assumption does not make the derivation correct. It is therefore
without importance that in this erroneous derivation Dr. Guggenheim's
equation occurs first and equation (1) can subsequently be obtained from it.

Dr. E. A. Guggenheim (London) : It seems to me that Craxford has
put the cart before the horse. The main point of my paper is that my
formula (3-1) does not involve Poisson's equation, whereas Craxford’s
formula (1) does.

The derivation of my formula (3-1) is actually extremely simple.
Denoting velocity parallel to the field by «, and considering a thin strip
of liquid, we have as a condition of steady motion

ijdu = Xdr. . . . . (A)

Integrating from the wall to the interior, we obtain for the velocity u in
the interior of the liquid

In a tube of circular cross-section the flow/ expressed as volume per unit
time is given by

I = (©)
where ris intermediate between the radius r, of the tube and the radius r{
of the cylinder of liquid whose velocity differs inappreciably from u. In
practice the distinction between r,, r{and r is trivial. Substituting (B)
into (C), we recover my formula (3-1)

[ = Y- XE Tl (3-1)

18 D. R. Briggs, J. Physic. Chem., 1928,32, 641.
16 Phil. Mag., 1888, 25, 32.
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To transform formula (B) into Craxford’s formula (i) we have to use
my formula (3-3)
£= ant/ D

which is the integral of Poisson’s equation. | think that Craxford agrees
with me that this substitution is meaningless unless D is constant across
the layer.

Dr. J. W. Wrzeszinski [London], on Verwey’s paper, p. 192 : | have
been investigating the role of emulsifiers for some time. | differ from
Verwey’s conclusions on a few points.

He states that emulsifying agents can be classified into two main
groups—

(@) colloidal electrolytes and lyophilic colloids ; *

(b) finely divided solids ;
and furthermore, that both have the effect of giving the drops properties
comparable with those of solid particles, and of shifting the double layer
potential drop towards the outer phase.

W hile it is certainly correct to say that finely divided solids acting
as emulsifying agents have the effect of imparting to the dispersed globules
properties comparable to those of solids, it is in my view less clear whether
the same can be said regarding the stabilising action of colloidal electro-
lytes, e.g., soaps, and of lyophilic colloids, such as saponin and agar agar
(for O/W emulsions).

From results obtained in this laboratory it would appear that the
action of a given electrolyte on an emulsion depends very much on
whether the emulsion has been prepared with the aid of a finely divided
solid or a substance which gives a colloidal solution in the dispersion
medium. Using fairly concentrated O/W emulsions, the actual con-
centrations were kept between 8o and 90 per cent, of oil,— | observed that
emulsions stabilised by substances like sodium oleate and saponin remained
unaffected by the addition of the sulphates of the alkali metals, but were
broken by the corresponding thiocyanates and iodides, while exactly the
reverse was true of emulsions stabilised by finely divided solids, e.g.,
alumina, bentonite. The effect of these salts on the solutions or disper-
sions of the emulsifying agents was next studied, and was found to cor-
respond exactly to the action of the salts on the emulsions prepared with
the aid of the emulsifying agents under investigation. These observations
show that the stability of stabilised emulsions is very closely related to
the state of the solution (or dispersion) of the emulsifying agent used, and,
moreover, that the resistance to inorganic salts is different with emulsions
prepared with colloidal solutions o011 the one hand, and those stabilised
by (solid) suspensions on the other.

The second function of emulsifying agents is said to be to shift the
double layer potential drop towards the outer phase. | find it somewhat
difficult to attribute a change in the stability of a stabilised emulsion to
a change in the potential drop, however determinative this be for the
stability of an oil-hydrosol. | investigated the influence of electrolytes on
the cataphoretic mobility of the dispersed particles in stabilised O/W emul-
sions. Using various emulsifying agents, | obtained results which closely
resembled those published by Dr. Limburg.2o Like Limburg | found
that, although the influence of electrolytes on the electrokinetic properties
of a stabilised emulsion may be frequently very similar to their influence
on the cataphoretic velocity of oil-hydrosols, there was no similarity in
the change of stability on the addition of electrolytes. No minimum of
stability was observed at the isoelectric point.

| have been led to the conclusion that with a sufficiently high concentra-
tion of emulsifying agent—o0-6 to 0-7 per cent, (calculated on the internal

* See Corrigenda, p. 732.
20 Limburg, Rec. trav. chitn., 1926, 45, 772, 854.
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phase) in a great many cases— the electrical behaviour of an emulsion
will bear a relatively insignificant relation to its stability. This is also
exemplified by the high resistance such emulsions are able to offer to the
addition of electrolytes. It is understood that there is no chemical reaction
between the emulsifying agent and the electrolyte added. If this happens
the emulsion is immediately rendered unstable, irrespective of the con-
centration of emulsifying agent. This question has been considered
before in greater detail.22 Excluding chemical interaction, emulsions will
be stable if the agent used is present in sufficient concentration. If the
concentration of emulsifying agent is lowered the mechanical rigidity
of the protective film is materially decreased, and the smaller the con-
centration becomes, the more will the properties of the emulsion resemble
those of a lyophobic colloid whose stability is mainly determined by the
charge on the particles.

Dr. E. J. W. verwey (Eindhoven), in reply : The object of my paper
was to point out first of all that in order to understand completely the
action of emulsifying agents, we must understand the fact that emulsions
without emulsifiers are never stable. In this respect the emulsions differ
fundamentally from other lyophobic colloids. It seems to me that this
fundamental problem is for the main part solved by the considerations
in my paper on the stability of emulsions.

| do not claim that the few remarks at the end of the paper are more
than provisional suggestions about the phenomena underlying the action
of emulsifiers. | understand that Dr. W. distinguishes between O/W
emulsions and oil-hydrosols, the latter being the more diluted systems.
It may be that in some types of highly concentrated emulsions, especially
when stabilised by a sufficiently high amount of emulsifiers, the stability
conditions are rather complicated. It may be that, apart from the double
layer, also another stability factor plays a part, such as solvatation, like
in the case of lyophilic colloids. Writing about emulsions, however, | had
in mind the work of Ellis, Powis, Limburg, and others, about which has
been reported again in the paper by Eilers and Korff. Here we are dealing
with systems where the stability of the oil droplets with respect to co-
agulation and the electrophoretic mobility are clearly correlated. Even
if no special emulsifiers had been added deliberately to these systems, the
very fact of the high zeta-potentials of their particles proves, according to
the arguments given in my paper, that their particles were stabilised by
some emulsifying agent. These substances had undoubtedly the effect
that the double layer assumed properties as at solid particles, and the
double layer potential drop was shifted towards the outer phase.

Prof. L. S. Moyer (Minnesota), on paper by McFarlane, pp. 258 and
261 : | was much interested in the observations of McFarlane on the
remarkable behaviour of this unusual virus. However | am unwilling to
agree with McFarlane that “ thework of Abrahamson (should be Abramson)
and Moyer suggests that the mobility of the proteins is accounted for
solely by the ionisation potential, and consequently that the adsorption
of salt ions must be negligible in amount ”. As a matter of fact in our
papers we have been careful to state, referring to this citation, that " this
will probably be found to be not true, in general, for some process tanta-
mount to adsorption of ions of the salt may occur, the shape of the vim— ¢
curve remaining essentially the same but shifted because of the effect of
salts on the isoelectric point ”.22-23 To assume that “ in normal working
conditions the molecules of soluble proteins in general may not associate
with the wall of the Tiselius U-tube " is not supported by what we know
of their behaviour. Abramson and |, among many others, have pointed

21 King and Wizeszinski, Trans. Faraday Soc., 1939, 35, 741.
2 H. A. Abramson, J. Gen. Physiol., 1933, 16, 593.
L. S. Moyer and J. C. Abels, J. Biol. Chem,, 1937, 121>331-
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out repeatedly M. s that, with the possible exception of red cells2t or particles
alread}'- coated with certain proteins,2 surfaces (including glass or quartz)
readily adsorb all sorts of soluble proteins: egg albumin, the serum
proteins, casein, insulin, gelatin, gliadin, etc., upon immersion of the
surface in their solutions, and thereupon become endowed with their
electrokinetic properties. | believe that another explanation must be
looked for to explain the anomalous boundaries observed with vaccinia
virus.

Dr. A. S. McFarlane (London), communicated: By contrast with
Moyer’s above quotation relating to the effect of adsorbed salt ions on the
mobility of proteins there is the recent statement by Abramson, Gorin and
Moyer 27: “ For if, at constant ionic strength in simple systems, the
average charge of the molecule is known to be almost completely deter-
mined by the average number of equivalents of hydrogen or hydroxide
ions bound, it follows that changes in the isoelectric point incidental to
surface film formation must be directly correlated with changes in the
relative strengths of the amino and carboxyl groups ”. | am therefore
grateful to Prof. Moyer for now making it quite clear that he and his
collaborators accept the view that adsorbed salt ions contribute to the
mobility of proteins. Their claim, however, that the contribution of these
ions is a constant over the pH range in which protein mobilities are usually
determined, affecting neither the slope nor the shape of the “n-mobility
curve is difficult to accept. It is based on the following procedure 27:
“In a plot with the number of equivalents of acid (base) bound per gram
of protein as ordinate and the pH as abscissa, the zero point on the ordinate
is found by shifting in co-ordinates vertically until the curve goes through
zero at the isoelectric point as determined by electrophoresis. The
mobility data are then compared with the titration data by taking any
single point on the smoothed mobility curve and multiplying the mobility
by a factor that will make the two curves correspond. If when all the
experimental points are multiplied by this same factor, they fall on the
titration curve within the limits of error, this proportionality is to be
considered as demonstrated.” The mobility curve is thus rotated about
the isoelectric point until its mean slope is arbitrarily made to coincide
with the mean slope of the titration curve, and the presence of any factors
(other than acid or base ionisation) which affect the mobility of a protein
in a linear manner with changing pn could not be detected by examination
of these superimposed curves. At present there seems to be as much
evidence for the view that the absorption of salt ions on proteins varies
progressively with pH as for the view that there is a fixed degree of salt
adsorption over a wide pn range. The presence of non-linear changes of
salt adsorption with pn would presumably be demonstrated by deviations
of the mobility curve from the superimposed titration curve but the signi-
ficance of such deviations can only be assessed in relation to the experi-
mental errors involved in the determinations of mobility and acid (base)
binding capacity and these are not discussed by the authors.

| note with interest Moyer is not in favour of the suggestion that
in normal working conditions soluble proteins may not associate with
the wall of the Tiselius U-tube. It would be interesting to know what
alternative explanation can be offered for the complete absence of any
signs of endosmotic flow at the walls of the U-tube containing protein
materials, including the very large plant virus molecules, other than
vaccinia.

27 H. A. Abramson, Electrokinetic Phenomena, New York, 1934,

25 L. S. Moyer, Cold Spring Harbor Symposia on Quantitative Biology, 1938, 6,
228.

0L. S. Moyer and E. Z. Moyer, /. Biol. Chem., 1940, 132, 357, 373.

27H. A. Abramson, M. IT Gorin, and L. S. Moyer, Chem. Rev., 1939,
24, 45
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Dr. S. Levine on the papers of Hamaker, p. 188, Derjaguin, pp. 208-10,
Levine, and G. P. Dube, pp. 215-19 (Coagulation of Hydrophobic Sols and
minimum in Electrical Energy). Objections of an apparently serious
nature to our expression for the interaction of two colloidal particles have
been raised by Hamaker and Derjaguin. These relate to our minimum
which | believe is of paramount importance in hydrophilic sols, so that it
becomes necessary to answer their criticisms. The question arises as to
whether the minimum influences the coagulation process of hydrophobic
sols. | shall try to show that at least for small particles, the minimum
cannot be the position where the particles coalesce, although it does affect
the rate of coagulation. Firstly, in order to explain slow coagulation, it
seems essential that there exists an energy barrier over which the colliding
particles must pass before forming secondary particles. Secondly, the
position of the minimum smin (in units of the radius) is in many cases too
far out. As examples, if we consider the critical coagulation points
illustrated in Figs. 1 and 4 (pp. 218 and 223) for the three electrolyte types
X-X, 2-1 and 3-1, the radius being a — 15 m”, then r = kd — X0-0, 2-74
and x-22 and smin= 2-13, 2-6 and 3-5 respectively. These values are
readily obtained from the formulse and numerical results given in our
earlier papers. For larger particles of radius 50 m/x, at the same critical
precipitation values for the three electrolytes, the corresponding values of
t are 32-9,9-00 and 4-03, and those of smin, 2-04, 2-14, and 2-36 respectively.
In truly hydrophobic sols, such as gold and platinum, very little water is
carried down by the precipitate, and it is unlikely that the particles are
separated by distances of the order 2-5 times the radius. For the smaller
particles, therefore, the minimum cannot be the position of flocculation,
although for the larger particles the situation is not so clear.

However, this last problem is partially solved by examining the depth
of the minimum Fm[D in the electrical energy, which may not be large
enough to yield a stable position permitting coagulation. Thus, returning
to the two sets of examples referred to above, and assuming the same
critical potentials as in Fig. 1, p. 218 (45 m.v. for the 1-1 type and 25 m.v.
for the 2-1 and 3-1 types), Fmin/kTo is equal to 4-5, 0-93 and 0-44 when
a — 15 mijland to 20, 4-6 and 4-0 when a = 50 m jj.for the three electro-
lytes i-x, 2-1, and 3-1 respectively. The only value of Fmin that seems
to cause trouble is that for the 1-1 type with a — 50 mjx One may compare
the effect of a minimum even of depth 5icTo in dilute sols to that of the
van der Waals attractive energy between molecules in a gas. It should
be noted that two atoms forming a stable molecule have an energy of
binding of the order of 1 electron volt m 40kTO.

When we come to large particles there arises a difficulty which is
pointed out by Hamaker and which was already known to us. For large
r, it can be shown that smn” 2 + i-ié/t and Fmin f&— 0-085£Da
(asymptotically) which is directly proportional to the radius, as illus-
trated by Hamaker in Fig. 2, p. 188. At D = 80,a = 50 m”~ and £ — 100
myv., for example, Fmin = — g~kTa. This implies that all large spherical
particles should coagulate rapidly in the position of the minimum and
indeed cannot form stable sols (suspensions or emulsions), at variance
with experiment, as remarked by Hamaker. Further, this appears to
contradict our conclusion on p. 220 concerning the absence of an upper
limit to the particle radius in stable sols, which was based on the properties
of the energy at contact and of the energy maximum. Thus it becomes
necessary to remove this discrepancy between our theory and experiment.

It might be thought at first that the approximation used here, which is
reliable for small values of r, leads to a considerable error for large r, but
the following illustration suggests that this does not solve the difficulty.
Consider two spherical particles, from which we have cut away spherical
caps of depth 1/«, so placed that the two circular plane sections (discs)
are parallel to one another at a distance i/k apart (Fig. ii). Neglecting
the influence of the rest of the spheres, we will assume this model to
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approximate to two large particles almost in contact (the radius a i/«).
In one of the earlier papers 2 we applied our method to calculate the
electrical energy per unit area associated with two infinite parallel plates
and found it to be always negative, assuming that the surface charge den-
sity on the plates remains constant. Noting that the angle 9in Fig. ii
is given by a cos 9 -j- i/k = a, i.e.,, by cos s — (r — x)/r, the area of each
disc is iraz sin3 0on 27ra2r for r>i. Substituting this expression for
the area and also x/« for the distances between the two plates into formulae
(40) and (38) in the above mentioned paper, the electrical interaction
energy of our model becomes — 0-036 t?Da yielding the same order of
magnitude as our asymptotic form for the minimum energy for two
particles.

Using the original Debye-Hiickel equation, Corkill and Rosenhead 2
recently computed the electrical forces between two parallel plates, and
found that there was an attraction when either the charge or potential on
the plates is kept constant. Only when the difference of potential between
the surface of the plates and the median plane is kept constant do the
electrical forces become repulsive. This suggests one source of error in
our results, namely, that the charge on the particles should not be con-
stant, independent of the separation. However, whereas in the case of
two parallel plates, it is not difficult to suggest other conditions, this is
not so simple in the case of two spherical particles. A discussion of this
problem has already been given by us 1 and its solution appears difficult.

Models for large particles.

Effect of Surface Irregularities.

| wish to suggest another solution to this dilemma. It is well known
that the surface of a crystal has irregularities which are at least of the
order of 1 m/i in depth (and length). Particularly, crystal growth pro-
ceeds in a random fashion when there are impurities, which is usually the
case during the formation of colloidal particles. If the uneven char-
acter of the particle surface is taken into account, colliding particles will
usually touch at the projecting points. This receives confirmation from
the surprisingly small values of the van der Waals constant A that we
obtained in our paper. Further the charge will tend to concentrate at
these protuberances on the surface,50 which indeed are the active spots
proposed by Kruyt and Verwey.51

To illustrate the influence of these active spots on the form of the
electrical energy for large particles we return to the model in Fig. ii for
two particles of say 100 m/t in radius, and cover each disc with a layer
of smaller particles of radius 1 m/t, such that neighbouring particles are
about 10 m/t apart, yielding about 60 particles on each disc (Fig. iii).
(The following argument does not hold if the density of small particles
is so high that they are, say, 4 m/t apart, but this would imply an

28 Levine and Dube, 1'rans. Faraday Soc., 1939, 35, 1125.

20 Corkill and Rosenhead, Proc. Roy. Soc. London, (A), 1939, 172, 410.

80 According to Jeans, Electricity and Magnetism, p. 194, this is the case for a
hemispherical boss on a plane conducting surface.

81 Verwey, Chem. Rev., 1935, 16, 363.
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extremely rough surface.) Assuming an electrolyte concentration of
1 mMol./l.,, so that r = 10 and o-i for the large and small particles re-
spectively, and talcing £ = 100 mv., we readily calculate that the minimum
electrical energy of pairs of large and small particles are — 150 kTo and
— 0-023 kTorespectively, whereas the corresponding values of the energy
at contact are 210 kTo and xo /cT,. If the charge is all concentrated on
the adhering small particles in our model, this implies that the equivalent
of 6500 pairs of small particles (say 81 on each disc) must simultaneously
be in their position of minimum electrical energy in order to attain a
total minimum energy of — 150 kTOQ which is not possible. On the other
hand, only 21 pairs of small particles in contact give the contact energy
for the spherical large particles. Since this model is an extremely crude
one we can only reach a very qualitative conclusion, namely that the
presence of an uneven surface may reduce the minimum electrical energy
by as much as a factor of 5 or 10, whereas the change in the electrical energy
at contact is rather uncertain.

The implication of this discussion is rather far reaching, namely, that
no large particles which are truly spherical can form stable sols, suspensions
or emulsions. It is well known that emulsions which contain large particles
(and often coarse suspensions also) are stable only when protected by a
layer of smaller particles, which may be either colloids, certain organic
ions such as alkali soaps or very finely divided particles. This is the
type of model for large colloidal particles that we have postulated above.
In the case of a soap emulsifier the surface would hardly be uneven if a
closely packed monolayer of the soap molecules had formed on the par-
ticles. However, there is no real evidence to disprove the assumption
that before this takes place an appreciable part of a second layer has al-
ready been deposited, producing an irregular surface.32 Vervvey claims
that an unprotected emulsion is unstable because a sufficiently high £
potential can never be reached. Lack of space prevents me from com-
paring in greater detail his explanation with the alternative one put
forward here.

The general effect of surface indentations would be to diminish the
rapidity with which the van der Waals energy and (to a lesser extent)
the electrical energy fall off with particle separation, compared to the
case of two hypothetical truly spherical particles, whose radius is equal
to the average radius of the real particles. This would tend to move
both the maximum and minimum farther out from particle contact, and
would account, for example, for the difficulty mentioned in our paper in
footnote 14 on p. 225. We shall discuss this phenomena in more detalil
in another paper.

On first sight the preceding analysis appears to invalidate the ex-
planation in our paper for the dependence of the stability properties of
sols on the particle radius. However, it appears that for large particles
the change in the olectrical interaction energy at the maximum as a
result of surface imperfections is much less than that in the minimum,
and we have based our conclusions on the properties of the former.
Furthermore the fact that we are getting qualitative agreement with ex-
periment suggests that we cannot be far wrong. It must be remembered
that a mathematical treatment of particles of irregular shape would be
quite difficult and the best that we can do is to work with idealised cases,
at least in the initial stages of the investigation.

Mutual Free Energy of Particles.

There is another source of error in our calculations which is the object
of attack by Derjaguin, namely that the free energy and not the ordinary
internal electrical energy associated with the double layers should be

321 am indebted to Dr. A. S. C. Lawrence for this suggestion, and also for
lengthy discussions on the properties of gels.
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calculated. Derjaguin asserts that the free energy of an electrolyte should
be obtained by charging all the ions proportionally when Debye's method
is used. However, Onsager 33 and Halpern 34 have shown that one can
charge the ions in any manner, provided the solution is kept electrically
neutral and certain conditions of self-consistency are satisfied, -which is
the case with the approximate Debye-Hiickel solution. When the
original Debye-Hiickel is used, this is no longer true, but Muller 35 showed
that two simple methods of charging the ions, namely those of Debye-
Hiickel and of Guntelberg, lead to ionic activity coefficients which were
only slightly different. The method of charging the ions and colloidal
particles described on p. 179, in the second of our papers,3 to which
Derjaguin is referring was chosen as an illustration to show that k may
be kept constant during the charging process. However, we may also
use Debye’s method of charging and still obtain a term expressing the
work of charging the ionic atmospheres of the colloidal particles, which
Derjaguin wishes to omit.

The problem is to find the mutual free energy of the colloidal particles
which are all assumed to have fixed positions. The particles may then
be considered as external fields acting on the ions over whose positions
we must average. Then the free energy of such a system is obtained by
charging both the particles and ions. The fact that the macroscopic
state of this system is independent of the positions of the ions does not
imply that we must not charge the ions ; otherwise we could not charge
the ions in an ordinary electrolyte to obtain its free energy. Since the
external field exerted by the particles changes with the relative position
of the particles, the work of charging the ions will vary with these posi-
tions, so that we must have a contribution to the interaction energy of
the particles which comes from charging the ions. This is still true when
the Debye method of charging is employed. To avoid the difficulty of
dealing with a sol which is not electrically neutral, in his thermodynamic
argument Derjaguin is compelled to introduce a hypothetical large con-
ductor which would change the thermodynamic system under considera-
tion. No such conductor exists in actual sols. Finally | have not been
able to verify Derjaguin’s equation (19), the Gibbs-Helmholtz relation.

Our derivation of the work function expressing the interaction of the
particles is based on keeping k constant which cannot be valid for
concentrated sols [e.g. gels). It turns out that this assumption leads to
the ordinary average electrical energy when the approximate Debye-
Hiickel equation is used. On using their original equation, however, there
is an appreciable difference between the internal energy and our work
function, as shown in an earlier paper.37 It should be instructive to recon-
sider the work of Corkhill and Rosenhead from this point of view. Also,
it would be desirable to investigate the error involved in assuming K
constant. The relation of our theory to that of Langmuir 38 has already
been discussed.32

Role of Minimum in Hydrophilic Sols ; Gelation.

No conclusive evidence could be found to prove that the minimum
need exist at all in order to explain the stability properties of hydrophobic
sols. Consequently it becomes imperative to seek for properties of hydro-
philic sols which suggest the existence of the minimum. | believe that the
phenomena of gelation and in particular of thixotropy can be attributed,
at least partially, to the minimum in the electrical energy. Now gels

33 Onsager, Chem. Rev., 1933, 13, 73.

34 Halpern, J. Chem. Physics, 1934, 2, Ss.
B Muller, Physik. Z., 1927, 28, 324.

33 Levine, Proc. Roy. Soc. A, 1939, 170, 165
37 Levine, J. Chem. Physics, 1939, 7, S31.
33 Langmuir, ibid., 1935, 6, 873.
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usually consist of non-spherical particles and are quite concentrated, so
that the computation of the mutual energy of two spherical particles can
hardly lead to a detailed theory of gel structure. Hence only a brief and
gualitative discussion can be presented here.

At present, there are three theories of gelation, the first based on the
existence of layers of bound water, the second on a network of particles
in actual contact, and the third on long range forces between the particles.
The first theory, that of solvation, is not supported by both experimental 33
and theoretical 40 work on the change of dielectric constant of water with
field strength (a measure of the saturation or solvation effect) which is
shown to be quite weak, because of the strong coupling between the water
molecules, preventing orientation in an external electric field. This does
not refer to the water absorbed by short range forces inside the particles
or in the cracks on the surface of the particles, but to the layers of water
surrounding the particle. The absence of bound water receives further
confirmation from recent work on viscosity, which shows that the anomalous
viscosity of dilute hydrophilic sols is mainly due to the asymmetric shape
of the particles.4

It is proposed that for hydrophobic sols, whose particles have “ hard ”
surfaces, the van der Waals energy of interaction brings about coalescence
at coagulation, whereas in hydro-

philic sols, whose particles are per- 5

meated with water, the van der A Hydrophobic So/.
W aals energy is quite small, and the n . .

only " coalescence '* which can occur e B: Hydrophilic Soi.

is at the minimum (process of gela-
tion), unless the water is removed n
from the interior of the particles by ®
the addition of sufficient electrolyte n
(salting out). | therefore assume b
with Hamaker42 that the funda- §
mental difference between hydro- "g
phobic and hydrophilic sols can be
represented by the mutual energy n
curves for two particles, as shown in

Fig. iv, the intensity of the van der
Waals attraction being the deter- Fig. iv.

mining factor. This permits of a

gradual transition from truly hydrophobic to truly hydrophilic sols, de-
pending on the amount of water imbibed by the particles.

One of the chief difficulties of the second theory of gelation, the link
or scaffolding theory,43 is to reconcile the failure of the (hydrophilic)
particles to coalesce in dilute sols with their apparent ability to make
contact in the more concentrated state (gelation), the electrolyte concen-
tration being the same in the cases. The scaffolding theory was proposed
chiefly to explain why rod-like particles in relatively dilute concentrations
can form gels more readily than particles of other shapes, whereas spherical
particles seldom form gels. However, the theory of long range forces
(based on our minimum) can also explain this property in the following
manner. Since hydrophilic particles are usually quite small, and the
energy minimum is roughly proportional to the minimum, it is not easy
to form a stable lattice of small spherical particles. However, a rod-
shaped particle may be compared to arigid row of small spherical particles,
and when two of these are parallel to one another, assuming as a first
approximation that the electrical energy is additive, we shall have a much

Distance between particles.

35 Malsch, Physik. Z., 1929, 30, 836.

40 Debye, ibid., 1935, 36, 193 ; Piekara, Proc. Roy. Soc. A, 1939, 172, 360.
41 Cf. Robinson, Proc. Roy. Soc. A, 1939, 170, 519.

43 Hamaker, Rec. Trav. Chim. Pays-Bas, 1936, 55, 1015 ; 1937, 56, 1, 727.
43 Cf. Goodeve, Trans. Faraday Soc., 1939, 35, 342.
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deeper minimum, which is roughly proportional to the length of the rods.
This suggests that a gel should consist of minute clusters of parallel par-
ticles, which form a stable configuration, and which overlap in some way.#4
This receives confirmation from the existence of tactoids and from the work
of Bernal and Fankuchen 45 on virus proteins and from that of Hauser 4
on bentonite. Further, the gel still remains optically empty, although
when the gel is sufficiently concentrated it may become biréfringent, when
the possibility of larger tactoids exists. The fact that orientating the
particles does not ordinarily produce gelation can be attributed to the
sensitivity of the position of the minimum to electrolyte concentration
and also to particle size. It would be accidental if the concentrations of
sol and electrolyte were just right so as to bring all the particles into their
equilibrium position on alignment. Brownian motion must bring the
particles close enough together and then orientate them so as to form
clusters, the orientation process apparently being facilitated by rolling
or tapping (rheopexy). The difference between tbixotropic and non-
thixotropic gelsis perhaps only one of the energy of binding at the minimum,
which is greater for the smaller particles. It seems quite natural to assume
that the same electrical forces which act in thixotropic gels should continue
to do so in ordinary gels. Of course, it is likely that there are many gels
which have a scaffolding structure, but it should not be assumed a priori
that this is true of all gels, or even of the majority of them. (My remarks
have been confined to water as the dispersion medium, and need not hold
with other liquids.)

| wish to emphasize that this proposed theory of gelation is tentative,
and that a considerable amount of theoretical work is necessary before it
can be adequately tested. However, | thought the preceding discussion
necessary to counteract any tendency to lightly dismiss the existence of
minima in the mutual energy of colloidal particles. It is hoped to in-
vestigate the properties of hydrophilic sols in greater detail in a later paper.

Prof. B. Derjaguin [addendum to paper by author, pp. 203-11): The
calculations of the rate of the slow coagulation of lyophobe colloids,
included in my paper,47 were carried out without making the necessary
allowance for the London-van der Waals forces. We may easily fill in
this gap, however, by limiting ourselves to the case of particles with a
large radius r.

For this purpose, making use of Hamaker’s formula for the energy of
the van der Waals attraction, UA[H) of two spheres,4we supplement the
expression for the total energy of interaction, U[H), of two spherical
particles :

U[H) = UV(H) + Ua[H) = *r«{ln 1 + e-) - J}, . )
where,

and A is the constant of van der Waals energy.2

The expression for U[H) will disclose one minimum, and left of it, a
maximum, if the value for m is less than a certain value mQ roughly taken
to be equal to 0-5 (see Table I). Atm > mO0 U(H) decreases monotonically
with a decrease in H, consequently, in this case the colloid system s
unstable without any doubt.

4 The idea that gels consist of minute tactoids was suggested to me by
Prof. J. D. Bernal.

45 Bernal and Fankuchen, Nature, 1937, 139> 923 * Bernal, ibid., 1939, 143,
663. Cf. Langmuir, toe. cit.

48 Hauser and Reed, J. Physic. Chetn., 1937, 41, 9x1.

47 B. Derjaguin, Trans. Faraday Soc., 1940, 36, 203.

48 Hamaker, Physica, 1937, IV, 10, 105S.
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Employing formula (21) of our communication, in a slightly altered
form, instead of (22") we obtain :

T T - h C |(I B}<k- ® (i)
For colloid systems with r > io~5and <p,> 15WV., n > 25. In par-
ticular, similar large values of n are present for most stable emulsions.
As a result of this, the value of the integral in Il will be large at such
sufficiently small values of the parameter m, at which the maximum of the
function
Klz) = 1 +e-")e~nl,

corresponding to a certain value of z, will exceed unity, at least if only
slightly. From the values of the maximum (and the minimum) of the
function K(z) corresponding to different values of m, given in Table 5, it
is seen that a sharp decrease in the stability of the system should take
place at a value of m which lies approximately between 0-15 and 0-3.

TABLE 5.
m . 0 O-l 0-15 0-2 0-3 04 0-5
F(z)max e N) 1-32 | -21 i-i3 02 094 absent
A(@2)mla . (1) 0-98 0-97 0-96 0-94 092 absent

Thus, the emulsion will be sufficiently stable under the condition that
in < o0-15,
or, in accordance with (I'), approximately, under the condition :

WA . (HI)

The criterion of the stability which we developed theoretically is in
agreement with the empirical rule obtained by H. Eilers and |. Korff 43 :
49 Eilers and Korff, Trans. Faraday Soc., 1940, 36, 229.

— = const v
K c, (V)
where £0 is the critical value of the zeta-potential. In particular, the
above authors found that relation (IV) describes very well Povis's experi-
ments with emulsions of cylinder oil in water (H. Eilers and I. Korff,

Table 1V) as well as with the hydrosol As2S3 (ebenda, Table V1), if a value
of the order of 10-3 is assumed for C when Jois expressed in millivolts,
and a value of the order of io~14, when to is expressed in c.g.s.E.

Upon equating <b with £0 in (IV), and making use of these values of C,
from (111) and (IV) we obtain the following value for A :

A~ io-~12 . . . . . (V)

which agrees with the " mean ” value of this constant.4s
It should be noted that these computations, being based on the simpli-
fied Debye-Hiickel equation, hold, strictly speaking, only while the values
of the quantity
-bro
KT V1

where z{is the valence of the ith ion, are not large— of the order of unity.
By the way, the critical values of this quantity were of the order of i-5-2-0
in Povis's experiments. Thus the results obtained, particularly relation
IV, cannot lay claim to a great degree of accuracy.

A more exact calculation, based on the complete Debye-Hiickel
equation, will form the subject of the following paper.
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Corrigenda.

Page 200, line 2, for Lyophobic read Lyophilic.
Page 204 — Formula (2') should read :

- DRT 2 M
Page 212 — Formula (25) should read as follows :
8D
‘ <>

Pagf 213.—In Table | the values of Pcalc. should be multiplied by 8o, after
which Table | will read as follows :

TABLE I.
h= 115 m/i. It= 75 ran.
y P exp. Pcalc. y Pexp. P calc.
io-4N 1500 dyn./cm. 160 dyn./cm.
io~3N 400 dyn./cm. 2 x io~* dyn./em. 10-3N 1000 dyn./cm. o0-5 dyn./cm.

Page 219.— The statement made in the legend in Fig. 2 (and also in the text)
that " £is independent of the radius and there is no adsorption of charge on
addition of electrolyte " is inconsistent. In constructing Fig. 2, it is first assumed
that £is independent of the radius. Then the form of £ as a function of a (true
for all k by hypothesis) is obtained by the charge to be 50c and independent of k
(electrolyte concentration) for one radius only, namely a — io~° cm., so that the

form (9), page 21S, is obtained for £
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A THERMODYNAMIC STUDY OF BIVALENT
METAL HALIDES IN AQUEOUS SOLUTION.

PART I. THE ACTIVITY COEFFICIENTS OF
MAGNESIUM HALIDES AT 25°.

By R. A. Robinson and R. H. Stokes.
Received 1sth February, 1940.

Prior to a study of the halides of zinc and cadmium we are investi-
gating the halides of the alkaline earths, and especially those whose
activity coefficients at 250 are not readily accessible by methods other
than isopiestic measurements. We are now able to report on three
magnesium halides at this temperature.

Table | relates to pairs of solutions which were found to be isopiestic,
the second of each pair of figures referring to the molality of potassium
chloride and the first to the molality of the isopiestic magnesium halide
solution.

TABLE |I.
Magnesium Chloride.
0-1120, 0-1579: 0-1587, 0-2271 ; 0-1917, 0-2782 ; 0-1944, 0-2808 ;
0-2656, 0.3936 ; 0-2795, 0-4156 ; 0-2933, 0-4379 ; 0-3492, 0-5299 ;
0-3644, 0.5548: 0-3924, 0-6035 ; 0-4040, 0-6242 ; 0-4387, 0-6Si8 ;
0-4815, 0-7559 : 0-4840, 0-7617 ; 0-5293, 0-8516 ; 0-5600, 0-9033;
0-6503, 1.075: 0-7212, 1-217 ; 0-9856, 1-798 ; 0-9906, 1-806 ;
1-059, 1-970; 1-266, 2-487 ; 1-367, 2-765 ; 1-381, 2-805 ;
1-713, 3-732 ; 1-784, 3-962 ; 2-016, 4-712.
Magnesium Bromide.
01086, 0-1557 ; 0-1127, 01614 0-1341, 0-1939 ; 0-1770, 0-2600
0-3250, 0-5101 ; 0-3575- 0-5668 ; 04284, 0-6988 ; 0-4592, 0-7607
05171, 08734 ; 0-6057, X-060 ; 06845, 1-240 ; 0-7X92, x-303 :
0-S688, 1-659 ; 1-086, 2-307 ; 1304, 2-852 ; 1-556, 3-627 ;
i'576. 3-697 : 1667, 4-009 ; 1697, 4-092 ; 1761, 4-301 :
1-802, 4-462 ; 1-894, 4-7182.
Magnesium lodide.
01049, 0-1518 ; 0-1217, 01789 ; 0-1266, 0-1867 ; 0-1958, 0-29S2
02696, 0-4233 ; 0-3595, 0-5934 ; 04989, 0-8626 ; 06225, 1-152;
06263, j-153; 06363, 1-178 ; 0-7496, 1-449 ; 0-7598, 1-484;
0-8704, 1-776; 09268, 1-933 ; 09707, 2-058 ; 1-162, 2-621;
I-21S, 2-803 ; 12X, 2821 ; 1-440, 3-543 I-515, 3-806;
1-621, 4-188 ; I-6S8, 4423 ; X-7143, 4647, 1787, 4-81.

The osmotic and activity coefficients have been evaluated with reference
to the data for potassium chloride given in a previous communication,1
as shown in Table II.

1 Robinson, Trans. Faraday Soc., 1939, 35, 12X7.
733
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TABLE II.
. MgCl2. MgBr», Mgl,.
n.
4 y 4 V- 4 y
0-1 0-863 0-565 0-874 0-582 0-888 0-599
2 «375 *520 *898 m546 =920 577
3 *897 *507 *931 *547 +960 *535
o4 =92 X *508 *968 -560 1-002 u607
5 -948 w514 1-005 *579 2-045 637
6 -978 527 1-043 *604 X-092 676
o7 1-010 542 1-083 635 2-243 +723
S 1-043 563 1-124 671 1-198 782
) 1-077 587 1-169 714 2.255 +852
1-0 1-114 *613 1-210 o764 2-323 «929
1-2 1-190 680 1-315 585 1-426 1-112
1-4 1-271 <764 1-415 1-032 2-546 2-235
1-6 1-356 867 1-517 1-214 1-666 2-653
1-8 x-444 *986 1-621 1-440 —
2-0 1-536 2-243

The activity coefficients of magnesium chloride were evaluated with
reference to y = 0-565 at o-i mand 250. This value was calculated by
Redlich and Rosenfeld 2from freezing-point data, together with the thermal
data of Lange and Streeck.2 At 0-2, 05, i-0 and 2-0 m Redlich and
Rosenfeld give y = 0-528,0-521,0-616 and 1-054 respectively. Apparently
the thermal data of Lange and Streeck were available only to o-i m, and
for higher concentrations the earlier results of Thomsen were used to
correct activity coefficients from o0° to 250. The agreement with our
results is probably as good as could be expected.

There are no suitable data on which to base a value for the bromide
and iodide at o-i m; from the trend of the osmotic coefficient curves it is
apparent that the activity coefficients increase in the order Cl < Br < |,
and to obtain an approximate value at o-i m the following procedure was
adopted. According to the method of Randall and White,4 activity
coefficients can be evaluated from osmotic coefficient data by means of the
equation :

— Iny — h+ Joh/Vm .dVm,

whereh = 1 — $

Curves of /i/v m against v m were drawn from 1 m to o-i m for each of
the halides, and extrapolated to a value of 1-340 atm = 0. The curvature
was uncertain over the region of extrapolation, but three similar curves
were obtained, and the integral evaluated graphically up to m = o0-i. The
correct value of the integral is known for magnesium chloride at o-i m,
since both h and y are known for this salt at o-im. It was then assumed
that the factor relating the correct integral to the approximate value
obtained graphically was valid for the bromide and iodide. Although the
method is admittedly approximate, the error cannot be large because of
the analogous nature of the three curves. The values at o-x m so obtained
were y = 0-582 and 0-599 for the bromide and iodide respectively.

2Landolt-Bomstein, " Tabellen," ser. Erg., p. 2151.
2Z. physikal. Chem. A, 1931, 157, 1.
4/. Amer. Chem. Soc., 1926, 48, 2514,



PART Il. THE ACTIVITY COEFFICIENTS OF
CALCIUM, STRONTIUM AND BARIUM
CHLORIDE AT 25°.

By R. A. Robinson.

Received 16tk February, 1940.

In addition to a few isopiestic measurements on barium chloride, supple-
menting those reported previously,1 some data on the chlorides of calcium
and strontium have been obtained. Table | relates to solutions which
were found to be isopiestic, the second of each pair of figures referring to

the molality of the reference salt, potassium chloride. In Table Il are
given the activity coefficients of these three alkaline earth chlorides cal-
culated from the above isopiestic data. Table 11l compares the activity

coefficient of CaCl2derived from the three independent e.m.f. measurements
of Lucasse,2 Fosbinder,3 and Scatchard and Tefft4 (columns L, F and S)

TABLE 1.
Calcium Chloride.
0-0SS7, 01234 m 0-1512, 0-2127 ; 0-1628, 0-2304 ; 01963, 0-2780
03117, 0-4534; 0-3692, (0-5453 ° 05009, 0-7667 ; 0-5*59, 0-7890
05481, 0-8476 ; 08242, 1-361 ; 08512, 1.417 ; 0-9%94. *m554 :
1027, 1-781 ; 1-105, 1-958 ; 1133, 2-0i0 ; 1202, 2-167;
1355. 2-523 ; i-391. 2-616 1-485. 2-843 ] 1-5%9, 2-934 :
1583, 3-098 ; i-63t. 3-224 1-752, 3-532; *e765 ; 3-580 ;
1921, 4-014 ; 1-933, 4021, 2-107, 4-534 : 2-178, 4-747)
2-202, 4-81.
Strontium Chloride.
0-1195, 01627 ! 0-1574. 0-2194 ; 0-1935. 0-2749 ; 0-3942, 0-5757
0-5501, 0-8290 ; 05601, 0-8434 ; 0-7120, 1-107 ; 0-8320, 1-328 ;
0-9452. 1546; 1028, 1.7%4 : 1094, 1-843 ; 1-259, 2-186 ;
|317, 2-30S; i-472. 2-649 ; 1682, 3-128 ; 1-837. 3-50*
2043, 4-021; 2068, 4-083 ; 2-157, 4-3*4 ; 2-258, 4583-
Barium Chloride.
0 08810, 0-1209 ; 0-1134, 0-1558 ; 0-1475, 0-2034 01529, 0-2106
0-1553. 0-2139 ; 03213, 04526 ; 0-4649, 0-6696 ; 0-50SS, 0-7360
05660, 0-8278 ; 0-7809, t-*75 : 09302, 1-436 ; 1227, 1-962 ;
1822, 2-148 ; 1405, 2-294 ; 1-454, 2-395 : 1-492, 2-462 ;
1-497, 2-472 ; 1649, 2-773 ; 1782, 3-046.

with the values derived from the above isopiestic results (R) and those
derived from the freezing-point,5 using the most recent thermal data for
calcium chloride (column F. Pt).

Minor adjustments have been made in order to reduce all five sets of
data to a common basis of comparison with y = 0-531 at o-im. It is
clear that the three sets of data derived from e.m.f. measurements, although

1 Robinson, J. Amer. Chem. Soc., 1937, 59 84.

21bid., 1925, 47, 743. 3 lbid., 1929, 51, 1345.
4 1bid., 1930, 52, 2265, 2272.

5Landolt-Bomstein, " Tabellen,” 3er Erg., p. 2141.
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in good agreement between themselves, are at variance with the values
derived from freezing-point determinations. The isopiestic measurements
substantiate the latter, and strongly suggest therefore that the calcium
amalgam electrode is not reversible.

The results for strontium chloride are in reasonable agreement with
the e.m.f. determinations of
TABLE X. Lucasse,2 there being an
average difference of 0-003 in
y at the five concentrations
at which comparison is poss-
o1 ible. The maximum differ-
53j . ence is 0-005, and the differ-

03 (0 -Eléﬁ (0;514) (0492

ences do not show any trend

m CacClj. SrCl2. Bad«.

0-3 *462 4] of the two curves away from
0-4 4% *430 -39 one another.

00*_% :ﬁg% % ;% The data for barium
0-7 "Y58) 430 354 ch_Ioride may be compared
08 o479 36 : with the e.m.f. data of
0-9 MR A - Lucasse,2 and of Tippetts
*0 ?f :ﬂg{; 392 and Newton,sas well as the
i . . computations of Scatcliard
<2 550 *480 B0 and Tefft.4 The present re-
1*3 573 :g% '.411(1% sults are on an average 0-003
14 :@ lower in y than those of
ﬁ:% *521 423 Lucasse, and 0-002 lower

516 .43 ' i

. :% 55 .44b than those of Scatchard
1*@ *726 .887 450 and Tefft. They are 0-0025
1-9 /64 -0ix higher than those of Tippetts
%;? 807 BH -T- and Newton. Up to 1 m,
) ;&ﬂ -.c66494 however, they are only o0-oo0i

higher than those of the lats
authors, the average devia-
tion being 0-005 above 1 m.
Some measurementshavebeen made of the isopiestic ratio between
solutions of potassium chloride andsolutions which contained both
potassium and barium chloride in amounts corresponding to the salt,
K~BaClj. Later it is hoped to apply isopiestic measurements to investigate
the possibility of complex ion formation in solutions of zinc and cadmium
halides containing
the corresponding TABLE 1II.
potassium halide.

These measure-
e.m.f,

ments with potas- \. R. F.Pt.
sium barium chlor- L. F. S.

ide are control ex-

periments on a pair o

of salts which are 09 0-53i 0-531 T s s /R
least likely to ex- oo ﬂﬁé u535

hibit complex ion ?)‘? :22 -, 5 - :ﬁ%é .,447
formation. 1%0 *730 '%4 . . +505

The first and i*5 i -x8i 1380 % _
second columns of 2-0 1-565 “ «807

Table IV give the
molality of K,BaCl4
and KC1 respectively, corresponding to equal vapour pressures; n de-
signates the molality of the former solution, i.e. mols. of the double salt
per 1000 g. of water. The data for pure potassium chloride solutions
given earlier 7 have been calculated as relative molar vapour pressure

o /. Amer. Chem. SoC., 1934, 56, 1675
7 Robinson, Trans. Faraday SOC., 1939, 35, 1217
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lowerings, R = (po— p)/Mp0, a form very suitable for plotting against the
molality. From this graph were read the relative vapour pressure lowerings
at each of the potassium chloride concentrations in the second column.
These gave the vapour pressure lowerings relative to the vapour pressure
of pure water at 250 for
each potassium chloride and

therefore for each isopiestic TABLE IV.

potassium barium chloride

solution. These values are Ap (mm. Hg).
given in the third column m. M - KCl obs cale
in mm. of mercury. They ’ ’
may be compared with four

sets of figures calculated on 0-06065 +2073 0-161 0-161
different assumptions. In w1344 «4615 353 -34s
the first place, it may be m2379 m8174 =620 <6is
assumed that in the mixed +3054 1-055 *799 *797
solution no complex ion +3901 i‘gig 1-030 1'2(2);
formation occurs, and the eady 2-173 1a%0 1-665
barium chlorldp is com- 6560 2.327 1-770 1-793
pletely dissociated. The +8650 3-H 3 2-389 2.423
further reasonable assump- w412 3-397 2-614 2-671
tion is made thatunder these «9915 3-536 2-770 2-S31
conditions the relative molal 1-020 3-691 2-850 2-919
vapour pressure lowering of 1'222 i'ggg gggg gégé
each salt is equal to that of 1233 4514 3-518 3629

the salt in a solution of the
same total ionic strength
(n = sm) in the absence of
the other salt. R for each salt can be plotted againstthe total ionic strength,
the data for pure barium chloride being obtained from the isopiestic data
reported earlier in this paper. From the plots the values of R for each
single salt can be read at the appropriate ionic strength, and the vapour
pressure lower-
ing calculated ;
the latter are
given in the
fourth column
of the table.
Secondly, it
may be assumed
that formation
of the complex
salt K a(BaClgis
complete. The
total ionic
strength would
be 3 m, and the
R curve for this
salt may be as-
sumed to be of
the sametype as

Curvel. Calculated for 2K++ Ba” + 4Cl- that of barium
” . " » 2K+-}-[BaCl]++ 3CF chloride. Con-
. 3. " . 2= 4. TBaClJ_4- Cl- sequently, the
. 4. " » 2K++[BaCll- vapour pres-

sure lowerings
should approximate to those of barium chloride at the same concentration.
These vapour pressure lowerings may therefore be obtained from the R
curve for pure barium chloride. They need not be tabulated here, but are
given as a plot in Fig. 1. Thirdly, it may be assumed that the potassium
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barium chloride functions as IvCl -f- IvBaCl3; to a first approximation the
effect of the univalent BaCl-3ion may be equated to that of a Cl- ion and
the solution is effectively one of potassium chloride at a molality 2 w
The vapour pressure lowerings have been calculated on this basis, and arc
shown in Fig. 1. Finally, there is a possibility that the potassium chloride
represses the dissociation of the barium salt leading to a solution of

(2IC+ + BaCl+ + 3Cl-).

Again no great error would be introduced by assuming that the vapour
pressure lowerings would correspond to a solution of potassium chloride
at a molality 3 m, and the plot on this basis is also given in Fig. 1. This
figure shows conclusively that no appreciable complex ion formation occurs
and that there is no evidence for the existence of the BaCl~ ion. No errors
in the assumptions made above in equating the vapour pressure lowerings
due to ions of the same valency would bring the calculated curve appreciably
nearer the experimental points.

On the other hand, the agreement in the last two columns of the table
between the observed vapour pressure lowerings and those calculated on
the assumption that each salt retains its identity, is excellent. The agree-
ment is not exact, but this would not be expected, because there must be
a specific interionic effect. There is a maximum difference between the
observed and calculated vapour pressure lowerings of 3 per cent, which is
similar to that observed by Owen and Cooke 8 for mixtures of potassium
and lithium chloride.

Righellato and Davies 9 concluded that conductivity data in dilute
solutions indicated that barium chloride was a strong electrolyte. The
implied absence of the BaCl+ ion is consistent with these vapour pressure
measurements. Shedlovsky and Brown 10 also found the conductivity of
barium chloride to conform to the Onsagcr limiting law.

Summary.

Isopiestic measurements have been made on calcium, strontium and
barium chloride and activity coefficients computed at 250.

The data agree with the freezing-point data on calcium chloride rather
than the e.m.f. data. The agreement with e.m.f. data in the case of
strontium and barium chloride is satisfactory.

Isopiestic measurements on solutions of (2KCI + BaCls) agree with the
assumption that each component salt retains its identity; no evidence is
found for the existence in appreciable amounts of the ions BaCl~, BaCl3~
or BaCl4—.

8J. Amer. Chem. Soc., 1937, 59. 2273.
8 Trans. Faraday Soc., 1930, 26, 592.
10/. Amer. Chem. Soc., 1934, 56, 1066.

PART IIl. THE ACTIVITY COEFFICIENTS OF
POTASSIUM AND CADMIUM I10ODIDE AT 25°.

By R. A. Robinson and (Miss) Jean M. W ilson.

Received 1sth February, 1940.

The activity coefficients of the chlorides of the alkaline earth metals,
reported in Parts | and I, exhibit a normal behaviour when compared
with the coefficients of the alkali halides. The opposite extreme of
anomalous activity coefficients is found in the case of cadmium iodide.

Before investigating this salt, some measurements were made on
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TABLE I.
05353. 0-5471 ; 0-7015, 0-7192 ] 1-298,  1-348 ; 1904, 1-990 ;
2-343. 2-461 ; 2-562 ; 2-692 ; 2673, 2-809 ; 2914, 3-067 ;
2966, 3120 ; 3036, 3-194 ; 3-544.  3-724 ; 3649. 3831;
4-054. 4-251 : 4-182, 4-388 ; 4-232,  4-434 : 4601, 4-81.

potassium iodide, for use in a further communication on solutions con-

taining both potassium

and cadmium iodide.

It has been shown 1that the original isopiestic data 2 on the potassium

chloride - potassium

bromide salt pair TABLE II.

gave slightly low

activity coefficients . .

of the bromide as a in 01 0-2 0-3 0-5 o-7 1-0 i-5
result of some corro- y 0776 o731 704 <675 659 646 .63
sion_ of _the first m 2.0 2.5 30 3.5 4-0 4.5 _
design of dishes by y «641  <g49 657  °667  €7S 692

the bromide solu-

tion. This effect

would be expected to be even more marked with iodide solutions, and
we have therefore made a new determination of the isopiestic ratio be-

tween potassium chloride

TABLE IIl. and potassium iodide, using

" staybrite ” steel dishes.

m V.P. H. G. The effect of the corrosive

action of the iodide solution

on silver becomes apparent

O-I 0776 0-775 0-772 only at concentrationsgreater

0-2 731 =730 s721 than 2 m. Table | relates to
0-5 «675 *678 *666 . ;

1 <646 w649 _ solutions found to be iso-

2 641 <646 piestic, the molality of potas-

minations lead to the activity coefficients shown in Table Il.

sium iodide being given first
in each case. These deter-
A comparison

is made in Table Il with the e.m.f. data of Harned2 (H) and of Gelbach* (G).

TABLE IV.
0-08585, 0-05736 ; 0-1227, 0-08092 ; 0-1SSh. o-102r ; 0-1774, 0-1129
0-1817, (0-1155 : 0-2338, 0-1446 ; 03111, 0-1862 ; 04163, 0-2463
04188, 0-2498 ; 0-6258, 0-3811 ; 0-7164, 0-4412 ; 0-8135, 0-5I3
0-S279, 0-5234 ; 09578, 0-6125 ; 1-094, 0-7059 ; 1'147, 0-7485
1-432, 0-9891 ; i -578. 110S; 1597, I-112; 1607, i-iio ;
1675.  1-194 ; 1-725. 1-233 ; 1842, 1346, 1-955. 1-439 ;
2-143, 1-598 2-317. 1-773 ; 2423, 1-893 ] 2-432 ; 1910.
TABLE V.
m o-l 0-2 0-3 0-4 o5 0-6 o-7 0-8 0-9
y 0-1074 0685 0523 <0433 +0377 w0337 «0307 +0284 <0266
1-0 1-2 1-4 1-6 1-8 2-0 2-2 2-4* 2.5%
<0251 0228 <+0211 <0199 -0189 mOI8l <0174 <0169 <0167

* Supersaturated.

1 Robinson, Trans. Faraday Soc., 1939, 35, 1217.
2 Robinson, /. Amer. Chem. Soc., 1933,57, 1161.
21bid., 1920, 51 416-  1bid- <933 55 4s59-
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Table IV relates to pairs of solutions of cadmium iodide and potassium
iodide respectively found to be isopiestic. From these data the activity
coefficient of cadmium iodide was calculated relative to a value of

y = 0-0685 at 0-2 M

taken from the results of Bates and Vosburgh.1 In this calculation the
activity coefficients

TABLE VI. potassium iodide

obtained above

were used. These

m Electrode. Vapour  gave the activity

Ag/Agl Pb/PbIj. Hg/Hg212 Pressure.  coefficients shown

in Table V.

o-1 0-10 0-l1 0-i0S 0-1074 d 'Ge(;[rtnhan i.his
B B S s (S senedteacnn
8*? .937 '937 «0310 %‘; salt from measure-
I [ 02:) 025 0254 0251  ments of cells with
i3 — (2 0222 0220  asilver-silveriodide

— -— 0153 018l  and a lead-lead
2-366 -o17i o1’ iodide electrode re-

spectively, whilst

Bates and Vos-
burgh 5 used a mercury-mercurous iodide electrode. Table VI compares
the four sets of results.

Summary.

Measurements are reported of the activity coefficients of potassium
iodide and of cadmium iodide, which are in good agreement with e.m.f.
determinations.

Auckland University College,
Neiv Zealand.

5 Robinson, f. Amer. Client. Soc., 1937, 59> 15S3.
o J mphysical Chem., 1928, 32, 940.

PART IV. THE THERMODYNAMICS OF ZINC
CHLORIDE SOLUTIONS.

By R. A. Robinson and R. H. Stokes.
Received 1st April, 1940.

E.m.f. measurements have been made of cells containing zinc iodide,1
cadmium chloride 2 and cadmium bromide,3 over an extended range of
temperature. Measurements of similar cells containing zinc chloride
have been made only at 250. The e.m.f. of the cell :

Zn-Hg (2-phase) | ZnCl2 | AgCl, Ag
has now been measured between 10° and 40°. From these determina-
tions the standard potential of the cell and of the zinc electrode have

1Bates, J. Amer. Chem. Soc., 1938, 60, 29S3.
- Harned and Fitzgerald, ibid., 1936, 58, 2624.
3 Bates, ibid., 1939, 61, 308.
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been deduced and the activity coefficients, partial molal heat content
and partial molal heat capacity have been calculated.

Experimental.

Silver-silver chloride electrodes of the Carmody 4 type and a two-phase
zinc amalgam electrode were employed. In the preliminary experiments
a cell containing two amalgam electrodes was used, but as the two elec-
trodes always agreed within o-oi mv. this cell was discarded and the main
work done with a cell containing a single amalgam electrode and three
silver-silver chloride electrodes. The agreement of the latter was usually
about 0-03 mv. but occasionally one would give a very' divergent result,
in which case it was rejected. The.stock solutions were prepared from
Merck’s ZnCl2 and stored in an atmosphere of hydrogen. They were
analysed for CI- gravimetrically and for Zn volumetrically, using the
ferrocyanide titration with diphenylbenzidine
indicator.5 The original stock solution con-
tained an excess of ZnO, and in the first
series of experiments the solution was neutral-
ised with sufficient HC1 acid exactly to balance
the zinc. Eight cells were made by dilution
of this solution. The e.m.f.’s were not as
steady as those registered with a solution of
a different type described later, and were
1-7 * 0-4 mv. lower at 250 over a concentra-
tion range 0-04 — 0-2 M than the e.m.f.’s ob-
served by Scatchard and Tefft." This sug-
gests that the standard electrode potential of
zinc should be defined, for practical purposes,
in terms of the solution used. A similar
acidity effect has been observed by Clayton
and Vosburgh.’

The second solution, used in the main
work, was made by adding sufficient acid to
prevent precipitation on dilution but insuffici-
ent for complete neutralisation ; it contained
Zn and Cl- in the ratio 1-0055 ®m2 > ju the
following tables molalities of ZnCk are calcu-
lated on the CI- content, and all e.m.f.’s ob-
served have been increased by 0-07 mv. before
being_reco_rded in the tables in_ order to aI_Iow Fig. i.—cCell and apparatus
for this slight excess of Zn in the solution. for filling.

This solution gave constant, reproducible
e.m.f.’s in good agreement at 250 with those of Scatchard and Tefft.

The cell and apparatus for filling it are illustrated in Fig. 1. The
flask, A, was used for weighing the stock solution, which, after dilution
with air-free water, was boiled in vacuo and the flask then filled with
hydrogen, allowance being made for the loss of water and the increased
buoyancy of hydrogen. The cell, B, containing the Ag-AgCl electrodes
which had been chloridised in HC1 or ZnCl2 solution immediately before
use, was attacked at C. The cell was blackened to prevent exposure of
the electrodes to light. The cell was evacuated at D and hydrogen
admitted through E. Solution was then forced into the cell from A under
hydrogen pressure after which amalgam was run into the cell from G.
The amalgam in G was stored under hydrogen. A gas-tight electrical
contact was then made with the amalgam through the side-arm of the celi.

4 Bates, J. Amcr, Chem. Soc., 1929, 51, 2901.
5Cone and Cady, ibid., 1927, 49, 356.
clbid., 1930, 52, 2272. 51bid., 1936, 58, 2093.
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Thus the whole operation of filling the cell with solution and amalgam was
carried out either in vacuo or in an atmosphere of hydrogen. The cell
was left in the thermostat overnight at 250 to attain equilibrium and
measurements made next day on a Leeds and Northrup Type I<2 potentio-
meter in the order 250 to 40° 40° to i0o°, i0°® to 25° at 50 intervals. The
e.m.f. at 250 was therefore measured three times and no divergence greater
than 0-03 mv. was observed.

All weighings were vacuum corrected on standardized weights. The
thermometer was calibrated against an N.P.L. certified thermometer.

Experimental Results.

Table | gives the observed e.m.f.’s at different temperatures, together
with results for four cells at 250 only. The data at each concentration
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were examined critically by plotting first order temperature differences
against temperature ; 8 on this basis there is good reason for believing
that three e.m.f.'s (marked by asterisks in Table I) are erroneous to the

8Harned and Nims, J. Amer. Chem.Soc., 1932, 54, 423,
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extent of o-x mv. This deviation occurred at 40° in each case. The
remainder of the results were expressed by the equation :

E = Eu+ a{t- 25)+ b{t- 25)=; . . (1)
the three constants, £ 25 a and b were obtained by the method of least
squares ; they are recorded in the last three columns of Table I. (Atten-
tion may be drawn to the considerable arithmetical simplicity obtained if
measurements are made at an equal number of evenly spaced temperatures

above and below 250.) The mean deviation between the observed e.m.f.’s
and those calculated by equation (1) was 0-015 nlv-

The Standard Potential of the Cell.

An attempt was made to evaluate this at 250 by the Hitchcock
extrapolation,9 the function E'2S being plotted against the molality,
where :

£'25 E2s + klog4m3(1 + 0-0547«)3 — zktxVIm
k= 2-303 RT/2F
ix=limiting Debye slope = 1-012.

The result was, however, uncertain because of a slight curvature even
in the most dilute region which made the extrapolation difficult. The
curve suggested a value of jJE°2S = 0-9845, provided that two points at
the lowest concentration were neglected. Inclusion of these two points
would lead to a value of 0-9830 v. but the curve would then exhibit a
marked change in direction at 0-008 m

A better extrapolation is obtained by using the method employed by
Bates 1 in which allowance is made for the ionic diameter in the Debye
term. A new E' function is defined by :

E'D= Ex+ klogd4wd(i + 0-054w)3—3"V 3»i/(i + AV3I»0 . (2)

where A = 0-329 a, a being the ionic diameter in Angstrom units. This
method of extrapolation, although an improvement on that of Hitchcock,
may be misleading if an incorrect

ionic diameter is assumed. Since

this method of extrapolation im-

plies the extended Debye-Hiickel

equation, E'25= £°25— 3kBm,

where B is thé constant of the

linear term in the Debye-Hiickel

equation, £'25 should be a linear t

function of m, extrapolating to a uj

limiting value JE°25. Fig. 2 illus-

trates a series of plots for an ideal

case where E°2S = i.00000 V.,

a= 5a and 3&B = 0-000. The

plot for a= 5 a is linear in m. 0 995 m_ gi
The figure also contains cyrves rcal- Fig —Tﬂusﬁ ing the eff ct,of ionic
culated from equation (2) for iour dlameter on tl eextrapo ation of a
other ionic diameters. It will be standard potential,

observed that if too low a value
of this diameter is used, the curve bends upwards with increasing dilu-
tion, and vice versa for too high a value of the diameter. This series of

aHarned and Nims, J. Amer. Cham Soc., 192S, 50, 2076.
27



744 THERMODYNAMICS OF ZINC CHLORIDE SOLUTIONS

curves makes it clear that the absence of reliable data at low concen-
trations combined with the scattering of points due to unavoidable ex-
perimental errors may easily create an illusion of linearity for diameters
other than the correct one. Extreme examples of this are illustrated by
the dotted lines in Fig. 2 which lead to E° valuesi 0'7 mv. from the
correct value on the assumption of ionic diameters which are i i a in
error. In applying this method of extrapolation, therefore, it is desir-
able to try several ionic diameters and to find not only the one which
gives the most linear extrapolation but also the two which give rise to
curvature in opposite directions.

Fig. 3 contains three curves corresponding to ionic diameters of 4-5,
5-0 and 5-5 a, the £'25 values being obtained from the experimental
results up to 0-13 m together with  the data of Scatchard and Tefft.6
These £ '2values are shown ascircles ofdiameter Ol myv., those of
Scatchard and Tefft as crossed circles. Selection of the £°25value depends
now on the weight assigned to the three results below 0008 ~. If these
are neglected on the grounds of unreliability of the cells, then the curves

in Fig. 3 for 4-5 and 5-5 a
clearly exhibit curvature
in  opposite directions,
whilst a value of 5-0 a
gives a good linear extra-
polation to £°25= 0-98485
v. for the standard poten-
tial of the cell. The
standard potential of the
Ag-AgCl electrodel0being
0-22239 V. that of the
zinc electrode must be
0-76245 v. The error in
this determination should
be not more than¢ 0-1

Fig. 3.—Extrapolation of the E°ZSvalue. mv. Ithas been assumed

O £'25 values from data of Scatchard and Tefft. tﬂat the Zn elec_trlode r_]as
© from present data, using three ionic diameters. ~ the Slame potential as zinc
amalgam.

On the other hand, if one has faith in the reliability of the three
points at the lowest concentrations then extrapolation, shown by the
dotted line, leads to a considerably lower £°23 value. In this case the
hump in the curve must be explained either by incomplete dissociation
or by the extended terms of the Debye equation. The hump cannot be
accounted for by hydrolysis, unless the hydrolysis is considerably greater
than is indicated by the data in the literature ; Prytz 11found a hydrolysis
constant of the order of 10~9; this would affect the £ '25 values only a
few units in the fifth decimal place.

By taking into consideration the extended terms of the Debye equa-
tion,12 using a diameter of 3-8 ., it may be shown that the data of
Scatchard and Tefft at 0-002941, 0-007814 and 0-01236 » lead to £°2%5
values of0-9837, 0-9838 and 0-9836 V. From the present data at 0-003151,
0005082, 0-007354 and 0-01040 m Vvalues of £°25= 0-9831, 09835,

10 Hamed and Ehlers, /. Amer. Chem. Soc., 1933, 55, ci79.

11 Z. anorg. Chem., 1931 200, 139.

2 Gronwall, LaMer and Sandved, Physikal. Z., 192S, 29, 558: Lailer,
Gronwall and Greiff, J. Physical Chem., 1931, 35, 2245.
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09838, and 0-9834 v. are obtained. Unfortunately the theory is not
applicable above these concentrations, and it cannot be determined
whether the data at higher molalities would give similar E°2 values.

The hypothesis of incomplete dissociation with a higher ionic diameter
has an effect similar to the incorporation of the extended terms. Using a
value of 0-25 for the equilibrium constant of the reaction :

ZnCl+ ~ Zn++ + ClI-

and an ionic diameter of 5a, the method of Harned and Fitzgerald,2
applied to the above data, gives an excellent linear extrapolation to
E°2% = 0-9841 v. We are reluctant, however, to ascribe incomplete
dissociation to this salt at such high dilutions from three e.m.f.’s in the
most doubtful concentration region, especially as conductivity measure-
ments 13 indicate that this salt is a strong electrolyte. An examination
of the extrapolation curves for Znl2, given by Bates,1 also shows that,
below 0-008 ~, there is a tendency for the e.m.f. data to fall below the
line he used for extrapolation. As there can be little doubt that Znl2
approximates closely to a strong electrolyte, even up to 0-8 =,k the
anomalous behaviour exhibited below 0008 m must be ascribed to the
difficulty of obtaining correct results with the zinc amalgam electrode at
high dilutions. This will also be true for ZnCl2solutions and we therefore
consider the linear extrapolation of Fig. 3 the more reliable.

In Table Il are collected the determinations of the standard potential
of zinc from different sources. The data for the Zn-Hg | ZnCl2 | HgCl, Hg
cell were recalculated, using Bates' method of extrapolation to give a
value of approximately 1-0308 v.

TABLE Il.—Standard Electrode Potential of Zinc at 25°.
all. E°23 E° (Zn).
Zn-Hg ZnCI2 | AgCl, A 0-98485  Ag, AgCl = 0-2223910 0-7625
Zn-Hg ZnBr,,iﬁ\gPBr 8914 0-8339 Ag, AgBr = 0-071315 . 0-7626
Zn-Hg Znl2+¢ Agl 0-61055  Ag, 'IA—?I = 0-152218 .  0-7627

0-267918 - 0-7629
0-139120,14 0-7628

Zn-Hg ZnCl, 1-0308 Hg,
Zn-Hg ZnBr2|I-?gBr I—?ng 0-9019 Hg, Hg
The standard potentials at other temperatures were evaluated by a

different method. Expressing the terms in equation (2) as functions of
the temperature at constant molality :

Et= E'5Fat— 25 + b {t — 252 . * (3

E = 225+ af{L— 25) + b(t — 25)2, . @)

k log 4 = 0-01780 + 0-6 x icr4(f — 25), . « (5)

3k logm = 3&25log m + ax(t — 25), . . - (6)

3k(IV3amI(l + AVJIm) = /(250) + a2t — 25) + b2{t — 25)2 )

13 Connell, Hamilton and Butler, proc. Roy. soc. A, 1934, 147, 41S.

14 Parton and Mitchell, Trans Faraday Soc., 1939, 35>758.

150wen and Foering, 1. Amer. Chem. soc,, 1936, 58, 1875.

13 Onen, ibid., 1935, 57, 26 17 Briill, Gazz. chini. ital., 1934, 64, 26L.
1SGerke J.Amer. Chem. soc. 1922, 44, 1684 : Randall and Young, ibid.,

18 Ish|?<89W5\ Ferui and Takai, Bull. Inst. Phys Chem 8gokyolzI 1936, 15, 339
PGerke and Geddes, J. physical chem. 1927, e more recent
determination of the Hg, HgBr potential = 0-1397 (Larson J. Amer.Chem. Soc.,
1940, 62, 7C4), reduces the Zn potential to 0-7622.

1928
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where k = 2-303 RT j2F, juand A are functions of the temperature and
/(250) designates the valliie of the Debye term at 250. The constants in
equations (6) and

TABLE Ill.—Evaluation or Standard Potential (7) may be evalu-

of Zinc Between 10° and 40°. ated without refer-

ence to the present

WL -axio*. - a, X1 —a2X10»  -a' Xio* experimental work,

and thus by equa-

0005 0-72 6-S48 0-47 7-44 ting coefficients of

0-0l1 T-44 5-952 0-6i 7-40 like powers of

0-02 2-15 5-056 0-79 7-40 (f — 25), the con-
0-03 2-55 4-532 0-90 7-38 ;

0-05 2799 3.872 P06 73 stants of equation

0-10 3.50 2.976 128 716 (3) can be evalu-

ated. The neces-

sary data are given

in Table Ill; a is read off at round concentrations from a plot of the
experimental values of a (Fig. 4) and a' calculated from

a'— a+ 0-6 X icr4+ ax a,.

The constant, a0, of the equation :

E°t. £5. a°(t- 25)+ b°{t- 25)2 . ®)

is obtained by extrapolation of a plot
of a' against m, giving

a° = — 7-45 X 10-4. v
b° is obtained by direct extrapolation
of b against m, giving 3
b° = — 3-8 X 1ler®,
(Fig. 4a.) Table IV gives the E° )E)(
values of the cell between io° and 40°, a
the E° values of the zn electrode, 1 /
A . 6
TABLE 1v.—standard Potentials
Between io° and 40°.
4
£°(2Zn).
Cell E°.
Present Work. Bates. IVa I -
jlp
\ S
10 0-99617 0-76391 076415
15 «99192 «76345 76370
20 +98849 +76298 +76322 — , v
25 +98485 76246 «76275 0 o-f 0*2
30 498103 +76193 +76226
35 97702 76139 u76176 4 ... t —ogm. 0
40 "97281 +76081 76117 Fig. 4 and 4a—Constants of

equation (1).
using the Ag-AgCl potentials of Harned and Ehlers 10 and, for compari-
son, similar data given by Bates.1
The Activity Coefficient of Zinc Chloride.

E 25 values at round concentrations were obtained by plotting £',s
against m, the requisite E'25 values at round concentrations were then
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calculated back to «25 values. This is a more accurate method of extra-
polation than a direct graphing of E26 against a function of m. Inter-
polation of a and b values at round concentrations in Figs. 4 and 4a
yielded E values at other temperatures. Activity coefficients were then
calculated from E = E0O— R T j2F log4m3y3

TABLE V.—Activity Coefficients of Zinc Chloride.
m 10°. i5°- 20°. 25°, 30°. 35°, 40°.

0-005 0-794 0-792 0-791 0-789 O—;gg O—;gg 0-783
R EEEN

o o o o [ [
¥ & = £ 2% 2 %
u i%% -.%)g .55’6 m5.5 :?1‘8 504 '497
% e * 65 *459 452 :26% *434
3 453 ﬂ% . 488 *43° *%4r9 =393

5 433 * -33gz71 *379 +363 347
. . *401 . o m349 . .
6 304 376 3 my W8 B 9
1-49 - — — — _ _
2-83 280

As a check on the e.m.f. data some isopiestic vapour pressure measure-
ments were made at 250. The following molalities (Table VI) of ZnClI2

TABLE VI.

0-1085, 0-1502 ; 0-1086, 0-1494 ; 0o-ii6i, 0-1608 ; 0-1431, 0-1982 ;
0-1571, o0-2i8x ; 0-1935. 0-2703 ; 0-1986, 0-2762 ; 0-2480, 0-3466 ;
0-3383. 0-4728 ; 0-3855. 0-5407 ; 0-4098, 0-5743 ; 0-4881, 0-6815 ;
0-5116, 0-7182 ; 0-5828, 0-8141 ; 0-6323, 0-8724 ; 0-6681, 0-9179 ;
0-8884, 1-206 ; 0-9078, 1-223 ; 1-036, 1-380 ; 1-251, 1-634 :
1-440, 1-856 ; 1-632, 2-096 ; 2-045, 2-622 ; 2-149. 2-752 ;
2-182, 2-807 ; 2539, 3-306 ; 3-035, 4028 ; 3-187, 4-291.

and KC1 respectively, were: found to correspond to isopiestic solutions,
and the activity coefficients at 25° were calculated (Table VII).

TABLE VII.
m. Ol 0-2 0-3 0-4 0-5 0-6 0-7 0-8
y m 513 *45S *429 410 *394 u381 369 m357
m 0-9 1*0 1-2 1-4 1-6 1-8 2-0 2-5 3-0
y . 345 335 321 309 +300 204 n259 0284 +287

The Relative Partial Molal Heat Content and Heat Capacity.

By combining the Gibbs-Helmholtz equation with the equation
relating the e.m.f. to the free energy increment, the relative partial
molal heat content is obtained in the form :

L2= — 2F(E25- E°25) - T25(x- a°) + T\¢b - b0)- T*(b - bg)
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where T25 = 298-1 and T is the temperature in degrees absolute. Hence
the heat content data in Table VI are obtained. The relative partial
molal heat capacity is given by :

A

the temperature coefficient of the latter is beyond the accuracy of these
experiments, so it will suffice to record, in the last column of Table V III,
the heat capacity at 250. The heat data are expressed as cal. per mol
and cal. per degree per mol respectively.

TABLE VIIl.—R ecr1ative Partial Motal Heat Content and Heat Capacity
of Zinc Chloride.

Ach.
0. 15", D> =~ 0. 35% 40

w219 7 2P
Y2 s o 5% % B 2 5

211 276 339 4°3 602
312 398 ﬁi 574 g%ﬁ 756 }g
249 350 510 918 [@50] 27

|

269 g2 o8 1170

6 e S g pio o BB B
o 170 130 1890 2260 2650 3

1020 1490 1960 2450 2940 Eééf) g g.l;(o) L
6660

5 2440 2940 3460 3990 4520
67 3360 3880 4320 49/0 5520 6080
1 5030 5030 5560 6110 6660 7230 7800 no

soRigRatd s
B

A graph of L2against Vm shows that a limiting slope of 2900 (cal.
units) is reached below 0-07 M.

Summary.

The standard electrode potential of zinc at 250, derived from measure-
ments of the cell: Zn-Hg | ZnCI2| AgCI, Ag, is found to be 0-7625 v. in
good agreement with values derived from other zinc halide cells.

The standard potentials found at temperatures between io° and 40°
are within 0-3 mv. of those deduced from the zinc iodide cell.

Activity coefficients, partial molal heat contents and partial molal
heat capacities have been calculated.

W e wish to record our thanks to Messrs. Imperial Chemical Industries
(Australasia) Ltd. for a substantial monetary grant towards the cost of
the potentiometer.

Auckland University College,
New Zealand.



THE CRYSTAL STRUCTURE OF CONJUGATED
HYDROCARBONS AT LOW TEMPERATURES.
() BUTADIENE.

By C. J. Birkett Clews.

Received jth May, 1940.

The molecular structure of butadiene has been studied theoretically
by Lennard-Jones 1 and by Penney 2 on account of its importance as
the simplest molecule with conjugated double bonds. An experimental
investigation of its structure is also of technical interest because on
polymerisation a material with properties similar to those of natural
rubber is produced. It is this aspect of the problem with which this
note is concerned. Although the properties of rubber and rubber-like
substances have been extensively investigated, there are a number of
problems still unsolved ; among the more important of these are the
nature of the linkages between the polymerised chains (main valence
chains) in the material, the reason for the peculiar elastic properties,
and the apparent ordering of the crystallites during the stretching
process exemplified by the X-ray diagrams.3

A structure based on X-ray photographs (which must not, however,
be looked upon as more than a close approximation to the true structure),
has been proposed for stretched natural rubber,4 and work is now in
progress on other rubber-like polymers, more particularly those of
butadiene and chloroprene. In view of the many difficulties involved
in making a more exact X-ray analysis of such complex structures, it
seemed to be a matter of some interest to study the structures of the
building units of the polymerised chains : the monomeric hydrocarbons,
butadiene, chloroprene, and isoprene. A brief account of this work has
already been published,5 but the data for butadiene will now be con-
sidered in more detail.

Experimental.

The butadiene (C4H6 used in these experiments was a pure sample
from Imperial Chemical Industries Limited. At normal temperatures
butadiene is a gas. The boiling-point is —4-75° C. and the melting-point
is —108-7° G- In order to obtain useful information from an X-ray study
it is necessary to work with the substance in the solid state, for example,
at liquid oxygen temperature.

Powder photographs were taken in a Debye-Scherrer camera of 57 mm.
radius. The butadiene, contained in a thin-walled glass or cellophane
capillary tube, was continuously cooled by a stream of liquid oxygen.
The X-ray source was a 5 kw. tube with a rotating copper anticathode,
operating at 100 ma. Under such conditions satisfactory photographs
were obtained in 30-60 minutes.

1 Lennard-Jones, Proc. Roy. Soc. A, 1937, *58l 2S°-

: Penney, ibid., 306. .

s Schoszberger and Iguchi, Kautschuk, 1936, 12, 193.

1 Lotmar and Meyer, Sitzber, AnacL. Wiss. Wien, lib, 1936, 145, 721 ; Clews,
Proc. Rubber Tech. Conference, 1938, p. 955.

5Clews, Nature, 1938, 141, 513.
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Results and Discussion.

The diagrams show thirty-four measurable lines. These are listed
in Table I, with their visually estimated intensities and the corres-
ponding spacings calculated from the Bragg relation. The intensity
scale is self-explanatory.

TABLE |I.—Butadiene. Cu Ka Radiation. Temperature : — 170° c.
No. of Line. Intensity. Observed Spacing.  ~hkl (catculatc<). Indices.

1 m 5-85 5-92 120

2 ms 4-66 4-67 220

3 s 4-23 4-23 002

4 S 4-08 4-07 221

5 S 3-87 3-85 112

6 ss 3-55 3-56 202

7 sS 3-47 3-44 212

8 s 3.3° 3.3° 400

9 s 3'i9 3-20 140
10 mw R 2.99 411
11 mw 5-%% —
12 mw 2'7S 2-78 241, 322
13 mw 2-73 2-73 113
14 w 2'57 2-57 150, 412
15 www 2-49 2-49 511
16 wWww 2-42 2-415 422
17 ww 2-35 2-34 303» 133. 251
18 ms 2-27 2-27 350
19 m 2-22 2-22 233,512
20 wWww 2-17 2-17 160
21 w 2-13 2-12 004» 333
22 S 2-08 2-08 260
23 WWWwW 1-99 1-99 124
24 w i'95 1-95 360,301
25 w 1-93 1-936 224
26 w 1-go 1-89 700
27 w i-86 1-87 622,550
28 mw 1-765 i-77 404
29 m i-74s i-73s 414.334
30 wWww 1-70 1-69 005,231
31 WWw i -57 i -57 135
32 Www 1-54 1-54 235.4°i
33 ww 1-49 1-49 145. 335. 822
34 ww 1-42 1-41 006

As is well known, powder photographs are not easily interpreted
unless the crystalline material belongs to a crystal class of high sym-
metry, and at the time of writing the preliminary note 5 it had not been
possible to do more than calculate the spacings. The data have since
been re-examined, and by making use of the Hull diagrams for the
interpretation of powder photographs it now seems that the crystal has
a simple tetragonal lattice. The strong lines No. 3 and No. 8 are taken
to correspond to the second order reflection from (001) and the fourth
order from (100), respectively. The axial ratio, c/a, isthus 0-64, and the
unit cell: a= b= 13-20 a, c— 8-46 a. The other spacingscalculated
from the appropriate quadratic formula

dbkl = -7 a° m =
V/i2z+ k* + {l/cf
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are shown in the table for comparison, and the corresponding indices
(hkl) given. Where more than one set of indices is given to a single
reflection the calculated spacing is a mean value. It has been possible
to assign indices to all the lines except one ; it will be seen that the
agreement between the observed and calculated spacings is very satis-
factory, although perhaps fortuitous in the case of some of the short
spacings. The exception is the weak line No. 11 ; this reflection could
not be indexed, but in view of the satisfactory indexing of all the other
lines there seems to be no justification for supposing that the cell chosen
isincorrect. It is possible that this line isnot a reflection from butadiene
at all but from some part of the apparatus, but it has not been possible
to confirm this.

The volume V of the unit cell is 1474 A3, and the molecular weight of
butadiene M is 54, so that on substituting in the formula for the density

nx M x 1-65 X io~21
9~ \%
ewhere n is the number of molecules in the cell and 1-65 X 10-21 gm. is
the mass of the hydrogen atom, we get p~ 0-0622. Now for a hydro-
carbon in the solid state p ~ 0-5 — 1-0 g./cm .3, usually nearer the upper
limit. Thus 2~ 9 — 16, but for a tetragonal lattice 2= 2, 4,8, 16, etc.,
so that there are probably 16 molecules in the unit cell, although the
possibility of there being only 8 is not entirely excluded. Assuming
16 molecules in the cell, the calculated density is 0-967 g./cm.3; if there
are only 8 molecules, the solid would have the abnormally low value
0-483, lower in fact than the density of the liquid near its boiling-point.
The former, more probable value may appear high, but we may perhaps
mcompare it with the density of a polymerised hydrocarbon, isoprene;
ihe density of unstretched pure rubber is 0-906 and the highest value
mquoted in the literature for stretched rubber is 0-965. The density of a
-very impure specimen of polymerised butadiene was found to be approxi-
mately 0-987.
1-3 Butadiene is a relatively simple molecule,

CH2= CH- CHE£f CH2

or if we take into account the two possible modifications, cis and trans,

.these may be represented as | and |1l respectively. Penney suggests
. XH2 2%,
~aCH—CKr V H —CH.
V h?2

that it is a staggered chain molecule, that is, it exists in the trans rather
than the cis form, and this is borne out by the work of Price and W alsh 6
on the wultra-violet absorption spectra of conjugated dienes. These
authors were unable to find any evidence for the presence of cw-butadiene,
although according to Mulliken the absorption spectra indicate the
presence of about 20 % of this isomer. Penney gives the length of the
A linkage as 1-43 a and of the B linkages 1-34 a, both much shorter
than would be expected for a simple structure built up with alternate
single and double bonds. The shortening of the linkages is due to
resonance.

8Price and Walsh, Proc. Roy. Soc. A, 1940, 174, 220.

7Wood, Proc. Rubber Tech. Conference, 1938, p. 933.

27 *



752 KINETICS OF THE REACTION OF IODINE

In view of the simplicity of the molecule, it is somewhat surprising
that the unit cell should be so large and contain so many molecules.
From other work on hydrocarbons, a cell with four molecules would
seem more probable. It may be that an explanation can be found in a
tendency of the molecules to associate, forming groups of two, or possibly
four molecules; and that, instead of having four molecules in the unit
cell, the building unit is a group of four molecules, there being four such
groups of molecules. Such a hypothesis is not unreasonable when the
readiness with which the molecules join together to form polymerides is
considered, but this is, of course, quite a different phenomenon. There
is also evidence that molecules with resonance do tend to show associa-
tion. Although a tentative explanation is given for the large number of
molecules and the correspondingly large unit cell, it must be pointed out
there is no a priori reason why the molecules should not exist in the cell
as separate units and not in groups as postulated in this discussion.

In conclusion, 1-3 butadiene in the solid state crystallises with a
tetragonal lattice, the dimensions of the unit cell at — 170° C. being
a= b= 13-20a, ¢c= 8-46 a. There are probably sixteen C4H6 mole-
cules in the cell, giving a density 0-967 g./cm.3 The present data do
not permit of any further elucidation of the structure. The number of
molecules in the cell can be definitely fixed as soon as the density of the
solid has been estimated, but for any more accurate knowledge of the
structure of the crystal it would be necessary to produce a single crystal
for examination by X-ray and optical methods. Such an investigation
would present many technical difficulties.

Il am indebted to Dr. W.J. S. Naunton of Imperial Chemical Industries
Limited for supplying the butadiene, and to Sir William Bragg and the
Managers of the Royal Institution for the facilities they afforded me.
My thanks are due to Mr. Smith of the Royal Institution for his valuable
assistance.

Davy Faraday Laboratory,
Royal Institution, London, W .i, and
Queen Mary College, University of London.

KINETICS OF THE REACTION OF IODINE WITH
HYPOPHOSPHOROUS ACID AND WITH HYPO-
PHOSPHITES.

By R. 0. Griffith, A. McKeown, and R. P. Taylor.
Received 24th April, 1940.

The reaction between hypophosphorous acid and iodine in acid
solution has been fairly thoroughly investigated by Mitchell,1 and a
study of the corresponding reaction with bromine by Griffith and
McKeown 2 confirmed the mechanism originally proposed by Mitchell.
For the bromine reaction the experimental observations were satis-
factorily accounted for by the scheme :—

1 Mitchell, J.C.S., 1920, 117, 1322; 1921, 119, 1266; 1922, 121, 1624.
: Griffith and McKeown, Trans. Faraday Soc., 1934, 3°>53°-
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H+
H+ + H2P02~- » H3P 02 (normal) H3P 02 (active)
H+
Br2 + H20 Bromine + H2Q
H.PO,-+ aHBTr H3P 03+ 2HBT

Reaction of the PI2P 0 2- ion with iodine had not been detected by Mitchell,
and one object of the present investigation was to investigate the kinetics
of this process. During the course of the work, a publication by Nylén 3
indicated that Mitchell’s reaction (a), H3P 02 (normal) H3P 02 (active),
is not only catalysed by hydrogen ion but is also subject to general acid
catalysis. He attempted (but without complete success) to make
his experimental conditions such that the sole rate-determining step was
reaction (a), and he did not further discuss the reaction mechanism. We
have repeated and extended Nylén's work on this acid-catalysed reaction
under conditions which permit a more comprehensive analysis of the
complete reaction mechanism to be effected.

A. The H2P 02~ — 12 Reaction.

Previous work having failed to detect the occurrence of this reaction
at ordinary temperatures, tests were first made at 50° and 60° and with
all the hypophosphite present as the ion (phosphate, arsenate and
phthalate buffers with pH 6 to 8). Under such conditions reaction was
found to occur at convenient speed, the rate being independent of [H+]
and inversely as K3 + [I-], where K 3is the tri-iodide equilibrium constant.

TABLE |I.—Phosphate Buffers.
[NajHPOJ/tKHjPOJ. [KH,PO,]0. t-njo. [KIL,.. 2kaK 310~
temp.= 60°; ji =2-05; AT,=+00285.
0-1/0'1 0051 0-002 0005 52-9
0-2/0-02 0245 <0133 © 52-9
0-2/0-02 w245 «0133 ul 51-S
*0-2/0-02 u248 «0133 -2 52-8
0-05/0-05 026 =0013 0027 52-8
0-05/0-15 +051 =002 =005 52-5
0-2/0-01 w244 «0133 2 52-7
0-05/0-05 m051 +002 +005 50-3
0-15/0-05 244 0133 el 52-3
temp.= 50°; ji= 2-05; K3= 00232.
015/005 0-245 0-0133 o-l 13-3
0-05/0-05 +051 +002 +005 i3-i
0-2/0-01 *246 m0133 2 13-0
0-2/0-02 246 0)33 © 13-0
temp. = 30°; Xx= M 5; *;, = «00155.
0-1/0-015 0-247 0-017 0-04 0-498
0-1/0-015 *8x5 m013 +032 0-514
o-ilo-oi 244 «01 024 0-507
0-1/0-03 244 «01 «024 0-506
. iV NaZHAso0
* For this experiment, an arsenate Bufier [ AsOj : was used.

3Nylén, Z. anorg. Chem, 1937, 23°t 375-
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TABLE Il.—Phthatate Buffers.
[NaKPh]/[KHPh]. [KH2P 02X, [KIa 2koK2ml0
temp. = 60°; p= 1-1; Kz = 0-00285.
0-2/0-05 0-245 0-0133 02 410
0-2/0-02 0-245 00133 02 400

A reaction between the H2P 02~ ion and the free iodine molecule analogous
to, but much slower than, that previously found between H ,P 02~ ion
and Br2is thus indicated.

The reaction was followed by running samples into excess of standard
sodium arsenite solutions and back-titrating with iodine. Under the
present conditions the slow measured reaction :—

ko
PI2P02- + 12+ H2 ---—-- >H2P03 + 2HI

is followed by the very rapid oxidation :—
H2P03 + 12+ H ,0 >H2P04 + 2HI

So that effectively two molecules of iodine disappear per molecule of
H,P02~. Hence —

- T = 2i»'STTTFI'[H*¥OrI[i;l1l- )

and values of kOK3 have been computed on this basis. Even in the pH
range of 6 to 8, however, the acid-catalysed reaction is not entirely

suppressed, and corrections of from 1 to 4 per cent, have been subtracted
from the observed values of — such corrections being based on

the data of Section B. AIll measurements were carried out at one or

other of the ionic strengths p. = i-i or 2-0, obtained by addition of KNO03

as neutral salt. The values of ka&— |‘tIXm ~ deriving from the data
mole-mm./

are as follows : at 60° and p.= 2-05, kO= 0-92 ; at 60° and p.= i-io,

kg= 0-71; at 50° and p = 2-05, kO— 0-282 ; at 30° and p
kO— 0-0163. These yield a critical increment for the reaction

H2P02 + I,+ H2 >H2P03 + 2HI

2-05,

of 25,200 calories. The reaction is compared with analogous reactions
of iodine and of bromine in the succeeding paper.

B. The Acid-Catalysed H3P 02— lodine Reaction.

Before presenting our experimental data for this reaction, it will be
convenient to describe the reaction mechanism on the basis of which
the experimental findings are to be analysed.

The work of Mitchelll and of Griffith and McKeown 2 has shown
that the oxidation of H3P 02 by halogens, as catalysed by H+, can
formally be interpreted in terms of the reciprocal transformations of
two tautomeric forms of H3P 02, both brought about by the intermediacy
of H+ ions, with only one of these forms, the “ active ” form, capable of
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oxidation by the halogen. Expressing the normal and active modifica-
tions of H3P02 by HR and RH respectively the part-processes thus
envisaged are \—

catalysed by H+ -f- halogen
HR . > RH oo > Resultants.
catalysed by H+ + H20

The work of Nylen,3and more particularly the present investigation show,
however, that catalysis is effected, not by H+ alone, but by acids in
general, and a closer consideration of the nature of prototropic change
shows that direct acid catalysis of the reciprocal transformations
HP ~>RH is unlikely. Instead, each of these reactions must go either
via an intermediate complex (HRH+) of the acid and H+ ion or via the
R - ion, the primary stage in the first path being subject to general acid
catalysis and the second stage to general basic catalysis, and vice versa
when the ion R- is the intermediary. A complete prototropic reaction
scheme of this type is one analogous to that suggested by Pedersen,4
Fig. 1.

Here HR can capture a proton by collision with H30 +, H,0 or any
other acid HA, the velocity coefficients of these processes being respec-
tively ky, /Sj* and k-f; the resulting
complex HRH+ may then lose its
proton by collision with the conjugate
bases H,0, OH- or A-, the velocity
coefficients of these reversals being

£°_i, kw1 and respectively.
Analogous definitions apply to the k2
and fc—o processes. In the alternative

route from HR to RH via R_, the

reciprocal processes H R ~:R - in the

present case represent the ionisation

of the normal form of H3P02 and

therefore constitute a rapidly maintained equilibrium (ionisation constant
K), while processes k6 and &_3 indicate how by acid and basic catalysis
respectively the active form of the acid derives from or gives the H2P 02_
ion. We now assume that the reactive form RH is always present in
small amount compared with the normal form HR, and that the kinetics
of the reaction of RH with iodine to give the resultant H3P 03 are formally
represented by :(—

+ dE g 03i = _ = fe'[RH][2H2], . )

where [.PR] represents the gross concentration of hypophosphorous acid
(i.e. hypophosphorous acid -f- hypophosphite). It is then possible, on
the basis of pseudo-stationary state concentrations of HRH+ and RH,
to deduce the following expression for the rate of formation of H3P03
in terms of [(7R], the concentrations of catalysing acids and bases, and

the velocity coefficients k_Itk2¢_2, k3, &_3 of thepart-processes :(—
d(2R) _ [J7R] ,
dt ~ K + [H+] 1 2

[H+1.27&a[HA] . 27e° 2[A-] + K 21&“[HA]{.PV[HA] + .P£“_2[A-]}
-SKfirlA ~]. .Plia2[HA] + {¢/sa 1[A_]-f-¢ ™o 2[A-]}{illia_3[A_]-j-k '[¢ 12}

4Pedersen, Trans. Faraday Soc., 1938, 34, 237.
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If now we redefine the observed rate of reaction in terms of free H3P 02
as reactant as follows :—

ST = MH.POJPIJ = ~1;rEy_[2:R][2712]
= Aobs”"RJ™y. (3)
it follows from a comparison of these equations that:—
= «Sfe-JAj .27AJHA] + ¢ fea 3(A -1{"a_1[A-] + 27&« a[A-]}
khi k' j2V[HATL.27/ 2[A -]+ ~ .27V [HA]{Ska" [A-]-f27A°_2[A- ]}
+ EM__ AN _1[A-1 + N - UA-I}[H+]
[H+] 27A°P[HA].N _ 2[A -]+~ 27VI[HA{27TAA.JJAi+27AA | A-]}

This complicated expression for i/Abi is fortunately capable of very
considerable simplification. In the first place, the expression multiplying
I\k' on the right hand side can easily be shown to be just the reciprocal
of the equilibrium constant Kt — [RH]e/[HR]e of the tautomeric equi-
librium H R "R H , so that the first term on the right hand side reduces
to I/k'Kt. As regards the factor multiplying [2712]/[H+] in the second
term, this may first be rewritten in the form :—

m . where B -
27V[HA] B+ pfj cA°[HA]" 27A°_1[A ] + 27/e° 2[A 1’

represents the chance that the HRH+ complex reacts to form the
active RH molecule. From considerations based on the Bronsted theory
of acid and base catalysis, however, it can be shown thatftisindependent
of the nature or concentrat(i)ons of the catalysing bases present in the

system, being equal to - ~2 ,where the G's are the factors in the
k —+ N—2
Bronsted relations

A 1=G_1(~)Vand k.s= G.2(J ~ .

There are no available means of evaluating /?, so we have for simplicity
assumed it equal to unity, the value it would have if the k2, A 2 reactions
in the above scheme effectively constituted a maintained equilibrium.
We therefore write :—

J fill

_ _ 3L _ 4 £ 18 tF
Am- k’Kt+ [H+] *27V[HA]+ — ®m.2?2V[HA]* '

It follows from this equation that when for any experiment the values

for each time interval ofr*- are plotted against the corresponding values
((bi

of intercept of the resulting plot on the axis should be a

constant (at constant temperature) independent of the nature and com-
position of the reaction mixture. It may be said at once that this pre-
diction of the theory is completely verified by our experimental results
covering a range of catalysing acids from HC1 to H2P 04 .
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It may be noted that k'Kt is the limiting value which &bl assumes
when equilibrium between HR and RH is effectively maintained, so that
reaction (k') of RH with iodine provides a very slight drain on the con-
centration of RH. This condition is approached experimentally only at
very low concentrations of iodine. Again, the second term on the right

hand side of equation (4) represents the value of j-j- when reaction k'

/| HRH+,
is very fast compared with the reversals RH<”? p<HR. When

A

this condition is fulfilled, the measured reaction should obviously be
compounded of the processes HR — HRH+ and R- -> RH, which is in
agreement with the form of this second right-hand term. This condition
is approached experimentally at very high concentrations of iodine.

W riting equation (4) in the form (—

= Intercept + .slope, . . . . (5)
it is seen that the slope of the plot of against is given by :(—

slope _ [H+] '2?\{[I1-|A]J 1 [H+]2 [HAL. Y
From the values of the slope under various conditions, it is therefore
possible to derive the values of the catalytic coefficients kxa and k3a of
the catalysing acids H30+, PI3P 02 (the reactant itself) and any other
acid HA. In the majority of our experiments the concentrations of H+
and of the catalysing acids present remained sufficiently constant during

a run to give practically linear plots of ~ against [2T2]/[H+], and accord-

ingly the slope of each such plot was correlated with the average values
of [H+], [H3P 02] and [HA] in the run.

There are no a priori grounds for predicting the relative rates of the
paths HR -> HRH+ — RH (k3 reaction) and HR -> R_-»»RH (/%
reaction) for any given set of conditions, but from equation (6) it is clear
that the k3 path is favoured by low values of [H+] the ~ path by high
values of [H+]. Actually our results admit of interpretation on the
assumption that the k3 path is negligible for values of [H+] greater than
about 4-icr4, and we have been able to evaluate k3 only for the acid
H 2P 04~ (using H2P04~—H P 04~~ buffers) and the acid H2As04" (using
H2A s04~— PI1As04_ buffers). For all the stronger catalysing acids in-
vestigated the k3 terms predominate in equation (6).

In deducing the above equations, the rate of oxidation of the active
RH by the halogen is formally expressed by /e'[RH][A7I2]. The question
whether the iodine participates in this reaction solely as 12, or solely as
13, or as both forms reacting simultaneously can obviously be decided

by investigating the dependence of the intercept upon the concen-

tration of iodide in the system. We find that the “ intercept,” and
therefore k', is practically independent of [I-] for values of this greater
than 0-05, which corresponds to over 97 per cent, of the iodine present
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as the tri-iodide ion. W ith progressive reduction of [I-], however, the
“intercept ” steadily decreases, that is, k' increases. W riting

b — K-r i h 1
[1"1+ 13 ", + [1]

where k'u and k\~ are the velocity coefficients of reaction of 12 and 13~

respectively with RH, it follows that the free iodine is the more reactive

of the two, and the data permit the evaluation of the relative reactivities
of the two species.

Experimental.

The catalytic effects of the following acids on the hypophosphorous
acid-iodine reaction have been studied : H3 + H3¥02 H3¥03 H¥P04
HS04, CHSC1. COOH, CH20H . COOH, citric acid, (COOH)2 CH3COOH,
HjAsOj- and H2P04. The kinetic measurements have been carried out
mainly at 30°, with a few observations at 40°, 50° and 60°.

The procedure used in following the reaction depended to a large extent
upon the acidity of the system. Forpn < 3, the rate of further oxidation
of the resultant H3P0 3 by iodine is insignificant relative to that of the
primary oxidation H30 2-> H3o0 3, that is

d[TH®Q3 _ d[TI]
At ~ (43

Under these conditions, samples of reaction mixture were run into excess
of iced water and immediately titrated with thiosulphate. For pn > 6,
on the other hand, the phosphite—iodine reaction Is so rapid that two
molecules of iodine disappear per molecule of hypophosphorous acid. For
experiments in this range the experimental procedure was therefore similar
to that used in Section A. In the intermediate range of acidity, incomplete
oxidation of the phosphite to phosphate takes place, and it was therefore
necessary to estimate both the concentration of iodine and that of hypo-
phosphite at the beginning and end of each time interval. To do this,
duplicate samples of reaction mixture were withdrawn at various times,
and the iodine content of one estimated by titration with thiosulphate.
The other sample was run into excess of cold saturated NaHCQj solution in
a stoppered flask and the mixture allowed to stand for one or two hours at
room temperature, so that all phosphite present might be oxidised to
phosphate without further oxidation of the hypophosphite. From the
iodine remaining in the mixture the concentration of hypophosphite in the
sample could then be computed, and hence by use of the equation :(—

“ A[fH ° 4= Abs[THPOZNITIZm

the value of AQ$ in the time interval t2—q inferred. It must further
be noted that correction of the observed rate of reaction for the concom-
mitant H2PO.- —12 reaction (of. Section A) was in most cases necessary.
In acid media (pn < 3) this correction does not exceed 2 per cent., but it
becomes increasingly significant with increasing p+ and in the most alka-
line range (p1 > 6) this reaction becomes the dominant process, accounting
in some cases for 80 per cent, of the total. The accuracy with which the
residual acid-catalysed process could be estimated is correspondingly poor
in this range.

For most experiments the initial concentration of hypophosphite (the
potassium salt) was greater than that of the iodine. The former was
varied between 0-36 and 0-0067 11 * the latter from 0-0067 11 downwards.
Except in the experiments designed to evaluate the relative reactivities of
12and 13~ the initial concentration of potassium iodide was usually o-i or
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0-2 m. For the most part no effort was made to control the ionic strength
which usually lay between o-i and 0-6. Additions of KNo 3in individual
cases to vary the jj. between these limits showed little effect on the rate of
reaction beyond that attributable to alteration of the hydrogen ion con-
concentration of the system. Certain observations at ~ —1-2 and 2-2
(by addition of KC1) were designed to explore the effect of large ionic
strengths on the reaction.

The major difficulty in the treatment of the experimental results lies
in the estimation of the concentrations of hydrogen ion, of free hypo-
phorous acid, and of free HA for use in equations (4H6), because of un-
certainties in the values of the ionisation constants (Ke) of the various
acids. Even when the concentration of hydrogen ion is reasonably well
known, as in KHZ2?Oa—HC1 mixtures with low concentrations of KHjPO,
where the concentration of H+ is practically equal to that of the added
HCy, it is clear from equation (3) that the evaluation of /imalways requires
a knowledge of K, the (concentration) ionisation constant of the hypo-
phosphorous acid itself. The thermodynamic ionisation constant of hypo-
phorous acid does not appear to have been determined, but Kolthoff6from
conductivity measurements finds that at 18° K cincreases from o-ox to 0-06
betweenv = 1000 and 20 litres. Again Nyldn 3from electrometric measure-
ments finds

(- N — o1 o _
K'= U&[mium 076 at 20°and n = 2.
From these it may at best be surmised that Ke at ordinary temperatures
lies between about 0-05 and o-i at ionic strengths between o-i and 2.
We have attempted by the Lugg method 6outlined in the succeeding paper
to obtain more precisely the value of K, at different temperatures and
ionic strengths (added KC1) with the following results:—

160 30° 45°

A 0-16 0-57 113 2-13 0-16 0-57 1-13 2-13 0-57
K = K,, 0-096 0-106 0-094 0071 0075 0079 0074 0056 006

The values of Ke of HP0 2 employed have accordingly been based on
the above determinations. For certain other acids, namely H3®0 3 (Ist
ionisation), H3P0 4 (Ist ionisation) and HSO,~, we have similarly deter-
mined Kc (see succeeding paper) : for the remaining acids employed as
catalysts values of K c are obtainable from the literature, except for citric
acid (xst ionisation). For this acid the thermodynamic ionisation constant
at 30° is about 8-i0~4 while we find that a value of K, = 12-10-* at
H—0-26 is consistent with our kinetic data.

The kx Reaction.

The mode of analysis of the kinetic data in order to obtain the
catalytic coefficient of an acid for the kx reaction is exemplified by the
following experiment in which phosphoric acid was employed as catalyst.

Using the ionisation constants given at the head of Table 111, values
of [H+]m were calculated for each time interval, and hence values of

[H+]m and °f Etﬁ = ILohs{K v [H+]} for cach time interval. It is now
found that the plot of I/Ebi against [2,12]/[H +] is linear, with an intercept
of 0-043 and i/slope = 1-187. Substituting this value of i/slope in the
equation —
1 - 1 ,27V[LHAj =V + + feiH'FO* -
1 > 1 C [HH+] 'l ‘
1 Kolthoff, Rec. trav. Chirn., 1927, 46, 350.
OLugg, J. Am. Chem. Soc., 1931, 53, 2554.

[H+]
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derived from equation (6) by neglecting the k3 reaction, it is possible
when k}° and are known, to evaluate

Values of were determined from the data of kinetic experiments
in which the catalysing acid was HC1 and the hypophosphite concentra-
tion kept low. Under such conditions the catalyst is solely the oxonium

TABLE II1I.
{[KHZ0 7 = 0-008208
KH.POJ = 0-000065
Kl = 0200
H3PO4] = 0-2018
[212 = 0-006671
Time : ' H : |
(min.) is—t\' [HIJ. (@] [THJPO'J i3, /:0bs. [«+]1., ® (@] [H+am* i
0-00 6-263 7-800
8-25 2-306 4-345 «1347  +1565
8-25 5-449 6-986
10-25 2-646 4-44° 1127 n1382
18-50 4-560 6-097
12-15 3-108 4-538 <0909 41193
30-65 3-694 5-231
14-30 3-583 4-632 <0710  +1048
44-95 2-888 4-425
17-70 4-275 4-720 <0532  +0889
62-65 2-131 3-668
26-95 5-208 4-808 <0362 +0738
89-60 1-353 2-890
42-35 6-428 4-889 <0208 +0604
131-95 0-685 2-222
64-20 7-718 4-951 0% 0507
196-15 0-259 1-796

ion, and its catalytic coefficient kj° is given directly by the value of
i/slope in the plot of i/few against [TI2]/[H+]. Experiments at various
temperatures, ionic strengths and hydrogen ion concentrations have
been carried out. The results are very briefly summarised in Table IV,
each kt and 1j(Ktk') given being the mean of two to seven determinations
at various values of [H+].

TABLE IV.
[KI] = o-i ; [H+] = 0-005 —on.

K k'K t
Temp. A > r 1
*j- -15  i-is 2-1) 1*15  2-15 n *5 1*15 2-15
30 .075 w074 <056 *0400 «0369 — 1349 414 —
40 *062 062 w47 10159 *0145 -0133 103 1*20 1*49
50 w053  — — 100650 — — 2.73 - -
00 .045 «00254 7-07 —

The values of 11{k’K t) are the intercepts of the above-mentioned plots
(cf. equations (4) and (5)) ; they are slightly dependent on ionic strength,
but at constant temperature and constant juare found to be independent
of the composition of the reacting system, except for an effect of [I~],
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which, however, only becomes of significance for values of [I-] less than
0-05. Thus, under all circumstances, and in presence of all catalysing
acids, with [H+] varying between 10_1 and 5-10-4, it is found at 30°
with /r between 0-15 and 1*15 and [KI] = 01 or greater that constant
intercepts of between 0-036 and 0-045 are obtained, in agreement with
the values found under the conditions of Table IV. In terms of our
mechanism this means that the velocity coefficient k' of the reaction
between the active form of H3P 02 and iodine is independent of [H+] or
the concentration of other catalysing acid. From the values of i/(k'Kt)
at 30° 40° 50° and 60° the average critical increment EKKt is found to
be 18,000 cal. It is, of course, not possible to infer how much of this
“ critical increment ” belongs to the heat of the reaction

PI3P 02 (normal) — H3P 02 (active),

and how much to the k' reaction itself.

The values of i/slope = kj° in Table IV are found to be quite in-
dependent of [H+] over the range [H+] = o-l — 0-005. From this we
infer that the term containing k3 in equation (6) is negligible under the
present conditions compared with the term containing kv In other
words, the values of i/slope in the Table represent the velocity coefficients
(¢1°) of the reaction :(—

H3P02+ OH3+-> H3P02.H+ + H20.

These kj° values increase slightly with increasing ionic strength, and

yield a critical increment = 20,000 cal. This is somewhat higher
than previous estimates (Mitchell,1 19,000 cal. ; Griffith and McKeown,2
18,200 cal.).

The catalytic coefficient of H3P 0 2 itself was next determined by rate
measurements in systems containing up to 0-36 M hypophosphite (see
Table V).

TABLE V.

Temp. = 30°; [KI] = o-i.

[KHPOlo. e v H]-lg QM iAdqe
0-365 0_8%% 0-49 3 5 44 0-825
o . — X 726
bk 0% = y % 5
083 028 & 1319 Q0
041 0187 16 14—22 o5 420
0165 .gggé 15 32—40 s 371
+0083 o 17 57— 67 +353
20066 Q772 19 75—S4 04 349

For these experiments equation (6), after neglecting the k3 reaction,
takes the form :—

1 = kx°+ /[elH>PO0«. ‘H:iP?"
slope T [H+

Hence, plotting i/slope against [H3P 0 2]/[H+] should yield a linear plot
from which ky and AjHBO1 may be determined. |h this way we find :—

ke = °*353\at 300 aqd —
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h 3po4
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(COOH),
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CHoOHCOOH
CH3COOH
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These values are used in interpreting the results of experiments in
which, besides free H+ and free H3P 02, another catalysing acid is simul-
taneously present. Under such circumstances we have :—

kl1°+ A *o» [H3PO2] kjl. [HA]
slope [H+] [H+]"

and hence Zq0, the catalytic coefficient of the acid HA can be derived.
Table VI contains asummary of the results obtained in this way at 30° for
the acids H3P 03, H3P 04, HS04~, (COOH)2,CH2CICOOH, CH2(OH)COOH,
citric acid and acetic acid.

TABLE VI.
Temp. = 300 [KI] = o-i (oro-2* or 0-05+

; Xo. of . Range of Range of v
Acid. Expts. Kx V [eHA] [H+]. V- (mean).
| 080 (7) 2 °21 10 - 237

8 «0125(*) (7) ®4-29 «08- -32 03 -08 224 —246 *236

7 «025—054 (7) «18-59 wW4- -23 w03 —10 207 —25s 233

3 m°74—°77(8) 12—18 o - -3 06 —12 w237 —280 .253
4 (2-0-2-13) .i0o-"C) +14—20 W2 - 1-2 +0Ol6 —05 .033 -037 m0354
7 1-2 . 10-3 26 ml - 58 eon —028 .053 -074 <0594
6 (2-56-2-62) .10-4(10) *29-42 +12- -74 ©009—009 <0098—012S <0 11S
12 (29-3-2).0i0-S(4) o5-43 5 -j.i °<0004—04 <0032—0051 0042

In the above Table the third column gives the value of KA (the ion-
isation constant of the acid) used, together with a reference to its source.
All the reaction mixtures contained KH2P 02 12 and KI, together with
the acid alone or the acid and HCI or the acid and its Na (or K) salt.
The fifth column gives the total concentration of catalysing acid (i.e.
acid + salt). The last two columns give respectively the mean k f’s
and intercepts obtained. The catalytic coefficients derived from
Tables V and VI are in fair accord with the requirements of the Bronsted
relation between catalytic coefficient and ionisation constant, viz.

log (jr) = * lo§ ( |/fA °)+ log Gi . . m  (8)

Table V11 shows the extent of this agreement. The fifth column of this
Table gives the thermodynamic ionisation constants of the various acids
derived from the literature. The KA°values for H3P02and H3P03have
not been determined; the values in the Table are rough estimates.
The values of log (Kf/p) (calc.) in the last column were calculated from
equation (8), with x = 0-529 and log G1— — 0-025. The agreement
between observed and calculated coefficients is reasonably good for alh
the acids, with the exception of OH 3+, for which the observed catalytic

7 Griffith and McKeown, succeeding paper in this Journal. .

8Dawson and co-workers, J.C.S., 1929, 1884, 2530 ; 1930, 79 ; Giriffith,
McKeown and Winn, Trans. Faraday Soc., 1932, 28, 518.

9Wright, J. Am. Chem. Soc., 1934, 5<h 314 ; Dawson and Key, J.C.S., 1929,
1239.

IONims, J. Am. Chem. Soc., 1936, 58, 987 ; Larssen and Adell, Z. physik.
Chem. A, 1931, 157, 342.

11 Hamed and Murphy, J. Am. Chem. Soc., 1931, S3, s.

Inter-
cept.
(mean).

W043*
*040

038+
«040
«040*
*040
«042
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coefficient is over twenty times too small. Nylén 3 has previously deter-
mined at 20° the catalytic coefficients of OH 3+, H3P 04 and citric acid.
He found kfjky = 0-85 and 0-23 for phosphoric acid and citric acid
respectively, compared with 0-67 and 0-17 in the present work. The

TABLE VII.
y » *Jo_ * %

Add 7 1 ES?) (
OH+3 1 | g - 0452 0-898
H,,P+O, 1 2 0338 3% —0 4_- 8:5%%
ISR B S O B

o, D —1- - 1-
(CO0H), 305 e M3 Tosms 5%
hso4 . i ﬁ 0233 Ix3.102 —0-633 - <>
CHX1.C00H . i TV N - S

1tric 3 2 0594 S-30 . 10-4 - i-7°3 - 1-748
CH,OH .COOH | 2 <0118 1-48 . 10-4 — 1-928 — 1-892
CHXOOH X 2 =00418 x-75 mto -5 - 2-379 —2-382

ratios are thus in fair agreement with those found here, and confirm the
anomalous value of ky, the catalytic coefficient of the oxonium ion. It
should further be noted that we have found that the ky° value in the
acid-catalysed H3P 03— I2reaction is also abnormally low (cf. succeeding
paper), though at present the cause of these discrepancies is not apparent.

The k3 Reaction. Acid Catalysis in H2P04 — HPO0O4— and
HoAsOj- — HAs04— Buffers.

It has been mentioned in Section A that an acid-catalysed reaction
takes place (together with the direct hypophosphite ion-iodine reaction)
in phosphate buffers. It has been possible to measure this acid-catalysed
part of the net process at 30° in phosphate and arsenate buffers, though
the reaction is slow and it is not possible to isolate it from the direct ion
reaction. Under our experimental conditions the ion reaction amounted
to between 15 and 75 per cent, of the total reaction ; consequently the
accuracy with which the acid-catalysed process has been measured is not
very high, but it is probably sufficiently good to justify the main con-
clusion drawn in this section.

We have seen that in media with pn < 3-4 the acid-catalysed reaction
may be satisfactorily interpreted on the basis that the transformation
HR -> RH takes place entirely via the kyk_2 route (i.e. via HRH+). In
phosphate and arsenate buffers of pn about 6, however, our results
indicate that the alternative path, via the L, reaction, is the dominant
part of the acid-catalysed process, though apparently some reaction via
HRH+ is still detectable.

From equations (3) and (4) it follows that :(—

| [h +] | , fEY[H +]
A~ koiJK + [H+]} ~k'Kt ¢ [H+] .(V[HA] + K .;V[HA]l * [

Under present conditions [H+] is negligible compared with K, and also
€4[HA] (where HA — H2P 04" or H2As04 ) must be much greater than



;64 KINETICS OF THE REACTION OF IODINE

either &°[H+] or /inZ2 02[H3PO0 2. Similar remarks apply to the corres-
ponding 1%’s.
Equation (9) thus reduces to :(—

I _JH +1 X | [¢12][H+] :
Obi ~ Aobs «K ~ k'Kt ' [HATRALT] 4 bf@eﬁ AN

in which kobs is the &6s defined by equation (3) after correcting for the
concomitant hypophosphite ion-iodinc reaction. It will be seen from
equation (10) that for large values of [-£12], the rate of reaction, which is
proportional to kO\,SI tends to become independent of [H+] at constant
[HA] if the (3 reaction predominates. On the other hand, when the

reaction is negligible (as, for example, in CH3COOH—CH3COONa buffers
of pH 3-4) the rate of reaction at high enough values of [j?12] tends to be
proportional to [H+] at constant [HA]. In phosphate and arsenate
buffers we find a slight increase in kO\,s on increasing [H+] at constant
[HA], from which it is concluded that the main reaction path is via the

k3 process.
W ith phosphate buffers, seven experiments were carried out at 30°
and ft= 1*15 the experimental conditions being: [KH2P 02 = 025 ;

[2712)= 0-01 —0-017; [KI]= 0-2; [Na2HPO04]= 0-i; [KH2P04]= 0-2—0-5.
To evaluate [H+] in these systems, the values of Ahipo«- employed were
those found in the succeeding paper. Interpreting the data of these
experiments on the basis of equation (10), and putting 1/{k'Kt) = 0-0369,
the mean value of k3a (for H2P 04~) found was 3-0 . 10-0, while the kj°
was about 0-027. Five experiments with arsenate buffers under similar
conditions gave k3a (for H2As04~) = 4-3 . 10-6 and kj* = about 0-05.
The inferred values of ksa should be of moderate accuracy, but the /ga's
are subject to extremely large errors, and we would therefore lay no
stress on them, especially as they appear to be about 100 times greater
than the values to be anticipated on the basis of the acid strength. It is
possible that the k3a values are also somewhat too great, as they would
imply that the k3a reaction should be detectable in acetate buffers of
[H+] = 4-10"1, which seems not to be the case. Thus, though no definite
gquantitative conclusions can be drawn from the experiments of this
section, they seem to establish the occurrence of a k3 process in phosphate
and arsenate buffers.

Experiments at Low [I-].

There remains to be mentioned the experiments with lower concen-
trations of iodide from which the ratio of the velocity coefficients
of the reactions of 12 and 13~ with the active form of hypo-
phosphorous acid may be derived. From equation (7) it follows that :—

Intercept = Ki{k'J)'K3+ [V]« + k'u~'K3+:;{?-1,} ° (U)

where [I-]e is the concentration of free iodide ion at the end of the
experiment. The kinetic experiments were carried out at 30° wusing
H3P 04 as the catalysing acid, and with KNO3 added to keep p. constant
at 0-25. Table V IIl gives the results.
The values of the intercepts in the last column are calculated from
equation (11) on the basis that:—
Ktk'i,= 79-0 ; K fiu- = 22-76; -jfr = 3-47-

« I»
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The agreement between observed and calculated intercepts shows that
the data are quantitatively accounted for on the assumption that the
specific rate of reaction with RH of I, is about 3-5 times that of 13~

TABLE VIII.
Terrp =30°; ji = 0-25 ; K, = 0-00155.
["HjPOj-], = 0-0049; [T1J, = o0-00i.

Intercept (obs.). Intercept

[KI].- P-loo- rish Ic).
1fcQ/co.  [XHjPOJI= -0S0". JXHjPO,] m»0-321. (cale)

<002 <0040 0-274 0-0255 0-0275 0-0260

<020 <0220 0643 0365 0390 =0375

1200 2133 <0074 0426 445 <0432

This result is nearly identical with that found in the succeeding paper
for the ratio of the rates of interaction of 12 and 13~ with the active form
of phosphorous acid.

General Discussion.

The reactions measured in Section B have been the prototropic
change H3PO02 (normal) -> H3P 02 (active), catalysed by various acids,
either via the kxroute or via the k3 route, together with the reactions of
this active form with 12 and 13~. It is reasonably certain that the pro-
totropic change is bound up with a change in valency of the phosphorus
atom in the acid molecule from five to three. There is no detectable
reaction of iodine with the normal form of H3P 02 (pentavalent P), while
the active form (tervalent P) reacts readily, the reaction being accom-
panied by the reversal to the normal form. It cannot be concluded,
however, that the hypophosphite ion must also have its phosphorus atom
in the tervalent condition before it can react with iodine. It has been
shown in Section A that this ion reacts directly with iodine, and in
Section B that it also reacts via the prototropic k3 reaction which first
transforms it into the active acid (tervalent phosphorus).

It is to be noted that in practically all prototropic reactions hitherto
studied the substrate is an exceedingly weak acid. In the present case,
and in that of H3P 03 studied in the following paper the substrates are
very strong acids, which, however, must both exhibit some basic pro-
perties. The active form of each acid (RH) must even be a stronger
acid than the substrate itself, and the intermediate HRH+ be a still
stronger acid. It is possible that the anomalous catalytic coefficient of
OH 3+, which is considerably smaller than expected for the prototropic
changes of both H3P 02 and H3P03, is connected in some way with the
high strengths of these acids.

Part of the data for the two reactions are summarised below —

Redin V @) Ekf (). KKt (3. Bkt ().

HP02j . 0P 20,000 5 18,000
HPG--12 . €q]] 22,500 0038 21,400
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It is seen that both kf and k'Kt are smaller for the phosphorous acid
reaction than for the hypophosphorous acid reaction, and also that for
each of these constants the change in critical increment accounts
roughly for the magnitude of the difference. The critical increment of
the ks reaction for hypophosphite has not been measured ; it is probably,
however, of the same order of magnitude (25,000 cal.) as EkO, the critical
increment of the direct non-catalysed reaction between hypophosphite
and iodine.

Summary.

The reaction between hypophosphorous acid and iodine in aqueous
solution has been investigated at temperatures between 30° and 60° over
a range of pH from 1to 8. The reaction scheme

RESULTANTS RESULTANTS
Fig. 2.

embraces all the experimental findings. The reaction via H3PO, (active)
which presumably contains a tervalent phosphorus atom is subject to
general acid and basic catalysis. The catalytic coefficients of a number of
.acids for the kxreaction have been determined ; they satisfy the Bronsted
relation, except that of OH3+. The k3process has not been quantitatively
studied. HsP 02 ion also reacts directly with iodine. The critical incre-
ments of some of the above processes have been determined, and a short
.discussion of the results is given.

Department of Inorganic and
Physical Chemistry,
University of Liverpool.

KINETICS OF THE REACTION OF IODINE WITH
PHOSPHOROUS ACID AND WITH PHOSPHITES.

By R. 0. Griffith and'A. McKeown.

Received 24th April, 1940.

The reaction between H3PO03 and 12 in aqueous solution has been
.studied by several workers, but certain anomalies remain for further
investigation. The work of Mitchelll satisfactorily accounted for the
main features of the process in acid solution. He showed that, as in the
case of hypophosphorous acid, phosphorous acid also exists in two
~tautomeric forms whose reciprocal transformations are catalysed by H+.

1 Mitchell, J.C.S., 1923, 123, 2241.
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In solutions with sufficiently high values of [H+] the reaction with I,
takes place entirely via:—

H3PO3 M 1 H3PO3 + H2Qi h3PO, -f 2PI+ + 21-.
(normal form) (active form)

In less acid solutions there is concomitant oxidation which is retarded
by H+, and Mitchell found that for this process the retardation by H+
is greater than can be accounted for on the assumption that the actual
reactantis H2P 03~ ion. Finally, Mitchell appears to have considered that
in the process catalysed by H+ the sole reacting form of the iodine is the
13_ion, while in the process retarded by H+ it is the 12molecule. Further
work, apparently in ignorance of Mitchell's, was carried out by Berthoud
and Berger,2who studied the reaction both in acid media and in a more
alkaline range (acetate buffers), but without adding anything essential to
our knowledge of the mechanism. Recently the reaction has again been
investigated by Nylén.3 Pie showed that the reaction in weakly acid
media (pn = 3-2 — 6-8) is one between HPO3— and iodine. The first
and second ionisation constants of H3PO03 according to Nylén, are
pKx= 0-97 and pK2 — 6-18 at qu= 1-O. The fact that over the above
mentioned range of pn, over the greater part of which the concentration
of HOPO3- is much greater than that of HP03— , the velocity of reaction

is found to be proportional to (Ri +;—TL1;])\€VAT2—+;—IHIB means that if

H2P 03~ reacts at all with iodine then its specific rate is many times
smaller than thatof HP03— . Nylén further concluded that both 12
and 13 reactwith HP 03—, the specific rate of the former being about a
thousand times that of the latter. Finally, he attempted to determine
whether or not the reaction in acid media (catalysed by H+) is subject to
general acid catalysis and decided that it was not. The one experiment
attempted to test this point was, however, not well chosen.

We have now re-investigated the process both in presence of acids
and also in various buffers covering a range of pn from 0-5 to 9. Our
results are in general agreement with Mitchell’s and with Nylin’s, but
differ in certain respects. We find, in disagreement with Nylen, that
the reaction catalysed by H+ is also catalysed by acids in general, and we
have determined the catalytic coefficients for a few moderately strong
acids. Further, we find that both 12 and 13" react with the active form
of H3PO3, and have determined their relative rates. Finally, we have
confirmed Nylin’s conclusion that for the reaction retarded by H+ the
reacting entities are the HP 03— ion, and (mainly) the 12 molecule, but
we consider that Nylin’s value of the much slower reaction between
HPO3— and the I3 ion is an over-estimate, and in fact are doubtful
whether this reaction is fast enough to be detected at all.

Experimental.

The phosphorous acid used contained from S to 15 per cent, phosphoric
acid but no appreciable HP0 2 All other chemicals were of A.R. quality.
Blank tests showed that under all our experimental conditions the rate of
disappearance of iodine in absence of the phosphorous acid was negligibly
slow. Reaction mixtures were contained in blackened glass-stoppered

2Berthoud and Berger, /. Chirn. hysi%ue, 1928, 25, 56S.
3Nyldn, Z anorg. Chem., 1937, 230, 385.
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flasks maintained in thermostats regulated to * 0-03°. Samples with-
drawn from time to time were run into ice-cold water (containing excess
HISOJ when necessary) and the iodine at once titrated with thiosulphate
solution.

A. The Reaction in Feebly Acid and Neutral Solutions
(pH= 2—09).

Kinetic experiments have been carried out at temperatures between o°
and 30° in the presence of the following buffers : Co 3~~—HC03 ,HB0 3 —
HB03 HP04— —H,P04, HAS0 4— —H,As0 4, ch&oo-—ch&:ooh
CHJCICOO-—CHJCICOOH and also at 450in the presence of low concen-
trations of HCIO,j. The reaction was found, under these conditions, to be
unimolecular with respect to each reactant, viz. total phosphite (TH3®0 3)
and total iodine (.El9. Values of /id» were calculated from the equation :

[T1,]L. [.SH.PO,
Kobs  j ¢, -[TH®03,- [2r1), " [T13,.[THD0J

With low initial concentrations of reactants ([A720 usually 0-0025 M or
less; [IH3POJ0> [TI3,, but usually less than 0-0i ») and with moderate
concentrations of buffers and of iodide, values of Adxs were found to be
constant in each run. In Table | the results of most of these experiments

TABLE 1.

Expt. No.  Temp. [Hm  HAIWA-Im. *oba- k

(i) NaHGOj—NaaC 03 buffers.

12 0*17 0-201  0-076/0-024 0-38 1-32 355
23 0-14 0-201  0-026/0-242 0-98 1-265 340
24 0-13 0-201 o-or4/o-n8 0-60 1-32 355
40 10-00 Oolo 0-030/0-090 0-41 14-3 1515
29 10*00 0-201 0-103/0-097 060 6-8S 1445
27 10-00 0-201  0-014/0-118 0-60 7-04 1480
30 10-00 0-201  0-0t4/0-n8 0-80* 5 1375
31 10-00 0-201  0-014/0-118 1-00f % % 1300
33 10-00 0-201 0-0i4/0-ri8 0-80 7-08 1490
39 10-00 0-201  0-033/0-087 0-8 7-14 1500
32 10-00 0-400  0-014/0-118 0-80 3'44 T44°
35 20-00 0-20r  0-101/0-099 0-60 334 5460
34 20-00 0-400  0-014/0-118 0-80 16-65 5390
(i) KHjP04—NaaHd P04 buffers.
25 0 il 0-201  0-013/0-120 0-60 1-265 34°
37 10-00 0-201  0-301/0-100 0-8i 2-69 566
35 10-00 0-201 0-102/0-099 0-SiJ 4-85 1020
28 10-00 0-201  0-r02/0-099 0-6i 4-88 1025
26 10-00 0-201  0-014/0-119 0-59 6-70 1410
(iii) CHjJCOOH—CH3COONa buffers.
18 3000 0O-101 0-212/0-194 0-31 5-05 ?%?
17 30-00 0-201  0-2r2/0-094 0-31 1.25
16 3000 0-201 0-212/0-194 0-41 2-71 35¢°
19 30-00 0-201 0-109/0-194 0-41 530
(iv) CELC1COOH—CHXICOONa buffer.
3000 | 0050 |ooS3/o-i2o0f 025 | 0196 644

= 0-2m NaNO 3added ; + 04 m NaNOaadded.
I o-2m KNOj added ; 803 m KNO03added.
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are summarised, the sixth column giving mean values of kobs in litres/(moles-
min.). The subscript m indicates mean concentration during the run and
the column headed [HA]M[A-],, gives the mean concentrations of acid and
alkaline components of the buffer, after correction for the small amounts
of phosphite (and phosphate) present.

Discussion.

From Table I it is seen that the addition of the neutral salt KNOs
has no effect on the reaction rate (cf. expts. 27 and 33, 10 and n, 38
and 28). On the other hand, increase of p. by addition of NaNO03 di-
minishes the rate slightly {cf. expts. 27, 30 and 31). The effect of iodide
(studied over the range [KI] = O-i to 0-4) is given approximately by
(obSoci/[l~] {cf. expts. 27 and 32, 16 and 18), which indicates that the
reactant is the 12 molecule. Hence, on this basis, the velocity constant

for the reaction between 27H3P 03 and 12 is k = /;0bs ~ A i where
*3

K 3is the constant for triodide formation. The values in the last column
are those of this k ; they have been calculated on the basis that

K3— 1-40 X 10-3 at 250,

and that the heat of the reaction K1 -f- 12= K 13is 4180 cal.4 Comparison
of the k’s of experiments with varying iodide but at the same acidity and
temperature shows satisfactory agreement, so that for the present we
may assume that iodine reacts only as 12

Considering next the effect of pn on the reaction rate, it is seen from
Table | that in general for a given buffer increase in alkalinity increases
the value of k. In NaHCO03—Na2C03 buffers, however, there is no
increase with increasing [Na2C03]/[NaHCO03], except that which might
be due to ionic strength effects. Since for these buffers the pH is 9- 10,
the phosphite exists entirely as HPO03~~, and this resultis in agreement
with Nylén’s conclusion that HP03— is the actual reactant. This is
completely borne out by the results with other buffers. Remembering
that K 2 for phosphorous acid is of the same order of magnitude (j* io-7)
as the second ionisation constants of phosphoric and arsenic acids, it
follows that in HP04— —H2P04_and in HAs04 —H2As04 buffers
appreciable fractions of the phosphite exist as H2P03~, from which it
follows that the k in these buffers should be smaller than in HC03 — C03
buffers, and further that k should fall with an increasing ratio [HA]/[A~],
Finally, in acetate buffers, in which nearly all the phosphite is present as
H,P03~, the rate is practically inversely proportional to [HA]/[A-],
again indicating that it is the HPO03 ion which is the actual reactant.
Even in chloracetate buffers (expt. 22) with [H+] about 100 times that
in acetate buffers (expt. 19) there is still no evidence of any sensible
amount of reaction of H2P03_ with iodine.

The values of k listed for the experiments in NaHCO03—Na2C03
buffers are identical with /itrue, the velocity coefficient which is defined
by the equation —

4~1 = k'"[ivH3p03]. [h] = kllue [hpo3 -][y ., . (2)

*Latimer and Zimmermanu, J. Am. Cient Soc., 1939, 61, 1554.
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since in these buffers the phosphite exists entirely as HP03__. Forany
other buffer within the pH range of 3 to 9 it is readily seen that:—

¢true= *{I + }= ¥l + ~ -~Pj}, n * (3)
where K and K2 are the ionisation constants of FIA and H2P 03~ respec-
tively, expressed in terms of concentrations. It has not, however, been
considered profitable to attempt to evaluate ¢true values for the experi-
ments of sections (ii), (iii) and (iv) of Table I, since to do this would
require pre-knowledge of the variations of the ionisation constants K
and K2 with ionic strength. It was thought preferable to carry out a

few series of measurements at constant ionic strength (/x= 0-4 or 1-15)
from which could be inferred (a) the value of /«true, and (;) the value of
K /K 2 at the ionic strength in question. The results of these measure-
ments are given in Table Il. The values of /qrue and K/K 2 in the last

TABLE 11

Temperature = 20° C.; [KI]0O= 0-2.

Expt. No. [HAIM/[A-]ra. *obs- k. K/K..
(vi) KH,As04-Na.HAsO, buffers; ji= 0-40
43 0-1004/0-0326 12-95 2105)
44 0-0805/0-0394 *6-35 2660 1
41 00508/00492 22-25 3625 r
45 0-0212/0-0588 29-30 47651
(vii) KHP 04—-NaH P04 buffers; ix= 0-40.
47 0-1004/0-0326 14-60 23751
46 0-0805/0-0394 18-30 29751 o
42 0-0508/0-0492 24-10 39201 457
48 0-0014/0-0653 34-75 56501
(viii) KHZP 04—NajHPOIi buffers; .= 1-15.*
54 0-401/0-100 8-85 1430 0-735
50 0-301/0-100 n -45 1850 0682
51 0-151/0-100 i8-45 2980 0-591
55 0-101/0-099 22-20 3535 0-566
49 0-002/0-099 34-6° 5595 —
(ix) CH3COOH—CH3COONa buffers ; x—1-15*
53 0-199/0-211 105 170 34-2
59 0-097/0-211 2-15 347 33-j

* By addition of KNo 3

two columns were obtained as follows. From equation (3) it is seen that
a plot of I/k against [HA]/[A_] should be linear (provided that K\K 2 is
independent of [HA]/[A-] at constant jx), with an intercept equal to
I/;true and a slope equal to K/K 2. 1/itrue-

This linearity actually holds good for the data of Sections (vi) and (vii)
referring to arsenate and phosphate buffers respectively at /x= 0-4.
The intercept is the same in both cases, and equal to 0-000175 giving
¢true = 5710, which is in substantial agreement with the value obtained
at 20°in NaHCO03—Na2C03 buffers (cf. expts. 34 and 35 of Table | ; the
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slightly lower value of /itrue in these cases probably corresponds to the
depressing effect of sodium salt). On the other hand, the plot of I/k
against [H2P04~]/[HPO04~> “] for the five experiments of section (viii) for
which /ii= 1-15 is not linear, the value of I/k increasing more rapidly
with increasing [H2P04_/fH P04~ ~] than equation (3) demands. Never-
theless, the limiting value of I/k as [H2P04~/[HPO04 ]—0 is 0-000177,
or ¢jtrue = 5650, in good agreement with the value of ;true given by
phosphate and arsenate buffers at /x= 0-4. Since the main difference
between series (vi) and (vii) on the one hand, and series (viii) on the
other lies in the potassium ion content, it seems certain, as already
inferred from Table I, that the addition of potassium salts does not
alter appreciably the intrinsic rate of reaction between HPO03~~ and 12
The non-linearity of the plot of series (viii) must therefore be referred to a
progressive increase of K /K 2with increasing value of [H2P04~]/[HP04 ]
throughout the series. The values of K/K 2 given in the last column
have been deduced from equation (3) on the assumption that in each
case ;true equals the limiting value of ¢, viz. 5650. The ratio K/K 2 is
practically a linear function of [H2P 04~], viz.

K/K 2= 0-505 + 0-58[H2P 04].

Since [HP04— ] is constant in the series, it is not possible to say whether
K /K 2 is a function of [phosphate] alone or also of [H2P04~]/[HP 04— ]
also. It is perhaps significant, however, that in series (vii) where the
total range of concentration of phosphate is smaller, no appreciable
variation of K/K 2 is observed. It is, of course, impossible to say with
certainty whether the variation of K\K 2 in series (viii) relates to a varia-
tion of K or of K2 or of both with changing environment, but since the
concentration of phosphite is exceedingly small (and /x remains constant)
it is probable that the bulk of the variation of K/K 2is due to variation
of K, the second ionisation constant of phosphoric acid, with changes in
the concentration of total phosphate and in the ratio in which this is
distributed between H2P 04~ and HPO4— . This variation of K is in
the same sense and of the same order of magnitude as that found by

Cohn 5for the dependence of K' — a - upon total phosphate
P [Fpo P Phosp

and phosphate ratio.

The values of ¢ for the two experiments of series (ix) with acetate
buffers at /x = 1-15, taken in conjunction with ¢;true = 575°) the limiting
value obtained with phosphate buffers at this same ionic strength,
permit the ratio of Kaceuc/K2at /x= 1-15 and 20° to be calculated. The
two values 34-2 and 33-1 for /,acetic/-™ are reasonably consistent. Using
now /iacetic = 2-7 X icr5 for the temperature and ionic strength indi-
cated,6 it follows that K2 for phosphorous acid at 20° and /x= 1-15
equals 8 X 10-7. A similar estimation of K2 at 30° and /x= 0-4 can
be made from experiments 16 and 19 of Table I. Combining the It’s of
these experiments with a jtrue = 19,750» obtained from ¢true = 5710 at
20° and a temperature coefficient (cf. Table 1V) of 3*38, it follows that
/iacetic/~ = 52 at 30° and /x= 0-4. Using /,acetic = 3-* X 10“5 under
these same conditions, K2 for phosphorous acid is 5-9 X 10-7. The
difference between these two estimates of K2 at 20° and 30° respectively,
must be almost entirely due to the different ionic strengths concerned

5Cohn, /. Am. Chem Soc., 1927, 49, 173.
0Hamed and Murphy, J. Am. Chem Soc., 1931, 53, S.
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and not to the difference in temperature. They may be compared with
Nylin’s value 3 of I<\ — pfr3—-= 6-6 X icr7 at 0o° C. and

ji— i, and with Kolthoff’s value 7of K2 (p = 0) = 2 x io-7 at 18° C.
Using K2 — 59 X l0~7at p. = 0-4, the data of series (viii) combined
with K2 — 8 X icr7atp = 1-15 give

Jo7-i Etfor = 4-04 + 4-64[H2P 04-].

Although we have not attempted to use the method systematically, it is
clear that this reaction affords a means of evaluating the (concentration)
ionisation constants of acids in the range Kc= icr4 — icr8.

In Table | the experiment for which [H+] has the highest value is
expt. 22 (chloracetate buffer), for which [H+] is about 1-5X icr3, and
it has already been pointed out that the observed rate in this experiment
is entirely accounted for by the reaction between HPO03~~ and 12, and
that no trace of a reaction between H2P 03~ and 12 is here detectable.
In order to explore further for a possible H2P 03~ — 12 reaction a few
experiments at still lowerpH have been carried out. These were effected
with mixtures of HC104 and H3P03 and—to obtain conveniently measur-
able rates—with low concentrations of Nal at 450 C. The results are
summarised in Table III.

TABLE 111.
Temp. = 45°; j.= 056 ; [T1iO30= 4-—3 i0-3 ]

[TIJd = 2-io- 3 [HC104 = 7-5—3010-3; [Nal], = 5—xo0-i0o-3
Expt. No. [I-1m- *obs (corr.). k. A'truc-
56 0-0x247 00103 0690 3.95 98,400
57 0-01942 0-00988 0-421 2.33 98,000
53 001959 000525 0686 2.34 99.300
59 003630 000528 0-30s 1°55 98,600
Mean . 95,600

The values of ;0bSwere corrected for the concomitant acid-catalysed
reaction between H3P03and iodine, the necessary data for this correction
deriving from Part B of this paper. The magnitude of this correction
varied with the experimental conditions, but was usually less than
5 per cent. The values of ¢true in the last column have been calculated
on the assumption that the sole ion reaction taking place is one between
HP03— and 1» that is, from the equation :—

using for Kx (the first ionisation constant of H3P 03) the value 0-07 (see
Part B) and for K2 the value 5-9 X icr7. On this basis ¢true should be
constant, as is found to be the case. We must therefore infer that even
when [H+] = 0-036, that is when [H2P03~] = 1-5 X io+3 [HPO03~ _], the
rate of a possible H2P 03" — 12 reaction is less than one or two per cent,
of that of the HP03— — 12 reaction, so that the intrinsic rate of the

7 Kolthoff, Rec. trav. Chim,, 1927, 46, 350.
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HOPO3 — I2reaction (if it occurs) is less than about 10-7 of that of the
HPO3 _ — 12 reaction. It may be noted that the corresponding in-
trinsic rates of reaction of HPO03 and H2P03 with Br2have both been
determined,8 the latter being about 2-10“7 times the former. Doubtless
a reaction between H2P03_ and l2does take place, but its rate is too slow
for detection. It is not possible to test for its occurrence at still higher
values of [H+] than those of Table IIl since the acid-catalysed reaction
of H3P 03 and 12 then becomes the dominant process.

The value 98,600 for ktlue at 450 obtained from the experiments of
Table Il is in good agreement with that inferred from Table I. Thus
we calculate, using the data of Table I, that &true at 450 and /j. = 0-4
should be about 102,000. The latter figure refers to an environment
for which [Ji+j = 0-2 and [Na+] = 0-2, while the value 98,600 refers to
an environment in which [Na+] = 0-56. The practical constancy of
/itrue over a range of iodide ion concentration from 0-4 to 0-005 implies
that even when [I3_]/[12] = 400 any reaction between HPO3 and the
13~ ion is insignificant compared with that between HP03 and the free
12 molecule. Nylén 3 has deduced from his experiments that the ratio
of the intrinsic rates of reaction of HP03— with I3~ and with 12is about
| : 1000, but although it is difficult to distinguish salt effects from a
possible slight dependence of /;true upon [I-], our own results would
certainly suggest that the 13_ ion is even less reactive than Nylén has
stated. Thus, in experiments 32 and 33 of Table | (which are as nearly
as possible comparable as regards ionic environment) the values of
[13~]1/[12] are about 400 and 200 respectively. Accepting Nylin’s ratio
of the intrinsic reactivities of 13~ and 12, it follows that k for expt. 32
should be about 17 per cent, greater than that for expt. 33, whereas it is
actually 3 per cent. less.

From Table 1 and other experiments not listed the temperature
coefficient or activation energy E k of the reaction between HPO03 and
12 may be derived. The results are summarised in Table IV. The

TABLE IV.
No. of Detns. Temp. Interval. Temp. Coeff. of k. Ek (cat).
4 0-10° 43° 22,400
3 10-20° 3-74 21,740
1 20-30° 3-3« 21,460

weighted mean value of Ek is 22,050 cat., but there is a tendency for it to
fall with increasing temperature. The value of Ek is very high when
the absolute magnitude of k itself is taken into consideration, and the
reaction between HPO03~~and 12, when treated on the basis of the simple
collision theory of a bimolecular reaction, belongs to the category of
reactions with abnormally high values of P in the equation

k=P .Z .e-EIRT,

the factor being about 3 X it)7. Actually many reactions of the halogens
in aqueous solution exhibit the same abnormality, and, as less attention
seems to have been paid to these very fast bimolecular reactions than to

s Griffith and McKeown, Trans. Faraday Soc., 1933, 29, 611.
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the abnormally slow ones, we present in Table V the data for several
such cases the kinetics of which we have investigated in recent years.
In the first column of the table are listed the actual reactants, in the next
two columns the value of the bimolecular coefficient k in the units

TABLE V.

Reactants. fislv temp. °C. B3 A- P..
HPO,—I. . 5-7 X i03 20 22,050 2-7 X 107 1-9 X 10s
HPO3—DBr28> . 96 x 10’ 20 11,400 4-8 X 103 6-6 X i02
HP03—Br28 . 25 20 15,100 0-7 o-I
HP02— 1% 0-92 60 25,200 4-7 X i03 32 X io2
HjPOj-—Brall> . 47 10 21,000 I-1 X 10s 8 X i03
NCV—I 2u> . 0-44 60 27,000 3 X io4 3 X 103
N 02—Br2i12> 1-2 X 103 30 18,700  4-7 X x03 3-9 X 102
HC.Oi"—HOI(13 . 2 X o3 45 18,500 1-7 X i03 1-6 X i02
HC.Oj-—HOBr<4 2 X io1 21-5 15,400 8 X 102 1 X io2
HC,,04~—HO0C1WB>. 4 x 102 15 15,000 12 i-5

litre/mole-minute at the temperature indicated, in the fourth column
;Jobsi the apparent critical incrementderived from the Arrhenius equation
d In KjdT — Eobg/RT2 and in the last two columns values of P as deduced
from the two alternative collision formute —

k= Pl.Z. e-EiWT
and k= P2.2z. (Ja + i)

The first of these formulae assumes that only the energy associated with
two squared terms (e.g. the relative kinetic energy along the line of
centres) can be utilised as activating energy, whereas the second presumes
that all the relative kinetic energy of the reactants can be so utilised.
In the first case the true critical increment is given by E1 = fJObs —

in the second case by ¢J2= ¢JObs+ \RT- In carrying out the calculations
R 2ab the square of the distance of closest approach of centres in a collision
has been taken as icrl5 cm.2 in every case.

(B) The Reaction in Acid Media (ps < i).

Under these conditions the reaction is catalysed by H+, as found by
M itchell,1 and also in general by acids. We shall apply to our data the
mechanism of Mitchell modified in an analogous manner to that we have
carried out for the H3P02 — 12 reaction (cf. preceding paper). Using

the same notation as there, but neglecting the and &_3 reactions, we
have :—

i [H+] i [TI12] [H+]

*bi W *i + [H+]}- k'Kt+ [H+] mTV[Acid]- * W

3 Griffith, McKeown and Taylor, Trans. Faraday Soc., preceding paper.
10 Griffith and McKeown, Trans. Faraday Soc., 1934, 3°> 53°-

1 Durrant, Griffith and McKeown, Trans. Faraday Soc., 1936, 32, 999.
12 Clarkson, Griffith and McKeown, Trans. Faraday Soc., 1938, 34, 1274.
13 Griffith and McKeown, Trans. Faraday Soc., 1932, 28, 752.

14 Griffith, McKeown and Winn, Trans. Faraday Soc., 1932, 28, 107.

15 Griffith and McKeown, Trans. Faraday Soc., 1932, 28, 518.
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Here kO)Sis the bimolecular velocity constant with respect to 2H 3PO3and
U 12, corrected, when necessary, for the occurrence of the HP03— — 12
reaction, and K1 is the firstionisation constant of PI3P03. Hence, as in the
preceding paper, a plot for any experiment of 1 against [1712]/[H +]
should yield a straight line (provided that E kf [Acid] remains reasonably
constant) with an intercept equal to XIk'Ktand the reciprocal of the slope
equal to 2'£i1a[Acid]/[H+]. Fig. 1 reproduces some of these plots per-
taining to experiments in H3P 03— HC1— 12 systems ; it is seen that in
each case a straight line is obtained and that the intercept is common to
all the plots.

Experiments have been carried out mainly at 450 to determine the
catalytic coefficients {kxa) of OH 3+, H3P03, H3P 04, HS04~, chloroacetic
acid, glycollic acid and acetic acid. A few experiments have also been
effected at 350 to determine the temperature coefficients of lzya and
k'Kt. As found for the acid-catalysed PI3P 02— 12 reaction, variation

Fig. L.—Plots of 1//iti against [-£13/[H+] for the first, second, fourth and fifth
experiments of Table VII.

of iodide concentration has also comparatively little effect on the rate
of the acid-catalysed reaction between H”PC” and iodine (see p. 779) ;
in most of the experiments the initial concentration of iodide (KI) was
0-25 M.

(a) lonisation constants ofH3P 03, H3P 04,HS04~,CH2C1CO00H,
CH20H .COOH and CH3COOH.—To interpret the kinetic measure-
ments in terms of equation (4) it is necessary to evaluate [H+] throughout
each run, and hence onerequires to know the values of K c,the “concentra-
tion ” ionisation constants of the various acids present in each reaction
mixture. Unfortunately there is no method applicable by which these
may be unequivocally determined for the conditions applying in our
kinetic experiments, but we have attempted to obtain approximate
values of Ke for H3P03 (1st), H3P 04 (1st), and HS04_ by an E.M.F.
method analogous to that used by Lugg.ic For this purpose we have
employed weak solutions of the acid in KC1 solutions of the same total

18 Lugg, /. Am. Chem Soc., 1931, 53, 2554.
28
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ionic strength as those used in the kinetic measurements, small correc-
tions being applied when required for liquid-liquid junction potentials.
It is recognised that the values of Kc

TABLE VI. thus derived can at best be only ap-
proximately correct, as they will vary
with the type of salt present at a
given total ionic strength and also
with the concentration of undissociated

h3»o3 18 058060 0098 acid. Table VI summarises the values
h»o3 4 &%—0-60 0068 of Kc obtained in this manner. The

Acid. Temp. P- *g.-

hdod4 | 0-0173 o

h$od 4§ 056 0-0133 Zalies|-f0hr|H3|PO4 ath18 aLnd ztso ar_e
hsso4_ %8 0-57 &8% oth s |? tly argedr than ugg’s esti-
HSo 4 0-6i mates of -0155 and -0113.

hso4 18 0-66 0088 The values of Ke for the remain-
Ezgi’ % 8:8% 8—%56% ing acids used as catalysts were ob-
hso4 5 056 0035 tained from the literature as indicated
hso4 45 00-66% 8(0328 in Table VI1II.

hso4 45 (b)

OH3+, H3P 03 and H3PO04. Since

the phosphorous acid used contained
between 7 and 15 per cent, of phosphoric acid conditions in all experi-
ments starting with HC1 and H3P03 (or H3P04 and H3P03) were such
that simultaneous catalysis by OH3+, H3P03 and H3P04 was opera-
tive. By carrying out a number of experiments in which the ratios
[HaPCy/jH+j and [H3P 04]/[H+] were varied over a considerable range,
it was, however, possible to determine with fair accuracy the catalytic
coefficients of the three acids. Table VII gives the results of these
experiments.

TABLE VII.

[.SlaJo = 0015-0-04 ; [KI],, = 0-25; /i = 0506
Ah3po3(350) = 0-08; An3pos43se) = 0-0L
Ah3pos@se) = 007 /iH 45°S 0-0n.

'h3pod,. [H3PO§m [TH3POJ,,. [H3PO4m [H+],- Intercept. i/slope (obsd.). l/slupe (calc.).
[H+]m IH+]m
temp. = 450
0-122 0-297 0037 0-106 0-339 4-95 0*0128 0-0125
0-187 0-522 0051 0-171 0-288 4-75 0-0142 0-0144
0-255 0/823 0-063 0-250 0-240 4-74 0-0168 0-0169
0-321 1079 0076 0-318 0-228 4-92 0-0190 0-0190
0-390 1-375 0-087 0-388 0-213 4-98 0-0219 0-0214
0-670 2-356 0-129 0-575 0-214 5-15 0-0285 0-0289
0-329 1-454 0-311 1-S60 0-156 4-35 00324 0-0325.
0-194 0-940 053° 3-600 0-136 500 00417 0-0418
0-123 0-623 0-678 4-870 0-128 505 0-0491 0-0490
temp. = 350
0-295 0-874 0-071 0-262 0-257 X4 -i 0-00535 0-00544
0-697 2-240 0-156 0-639 0-231 15-6 0-00879 0-00902

0-195 0-876 0-529 3-395 0143 15-0 0-01311 0-01256
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The penultimate column in this table gives the observed values of 1/slope

of the linear plots of - Ttn against [[? 9. Substituting in
P 0\|s{K}i + [H¥ g H—H? g
equation (4«), vis. -
1~V + (HPO..2 W 1] _ {4a)
slope 11 " [HH] 11 ! [H4

the data given are then consistent with :(—

k° — 0-00987 ; ||F 'POs = 0-00634 ; kjH»®0* = 0-00722 at 450,
and with values of the same constants reduced 3-18 times at 350. The
values of 1/slope (calc.) obtained by substituting these parameters in
equation (4a) are given in the final column.

(c) Catalytic coefficients of HSO .f, glycollic acid, acetic acid

and chloroacetic acid.—A few experiments have been carried out
also at 450 to determine the catalytic coefficients of the above acids.
Table VIIl summarises the results.

TABLE VIII.
Temp. = 450; [KI]0= 0-25; ji = 0-56-0-62
Rnsor = -038 ; Kohsci.000H = 0-00i2<171; KchiOh.cooh = 2-8 . ; KomoooH = 3"l0_5<61-
Acid. [TH3POJra. [27HPOJIm. -£[Add]m. Intercept. I /slope. *jeo
*hso4 . +0893 <0325 276 «351 4-97  ®W01581 &iHso: -
t hso4- . +1006 -0242 220 w297 4-84  +01565 “nsoi- =
THsor *1578 +0293 ¢176 128  4-60  +02250 A&iHsOi- — -00564
§CHXI. COOH +1398 *0430 1-011 *163 +02140 AjOmoicooH =
§ CHjOH . COOH +1416 +0412 972 «152 5-0S  +0x97  "CHaOHCOOH =
§ CHjCOOH *1416 20412 1-000 ni52 5-°4 m0180  "CHaCOOH s
* |nitial reaction mixture contained [THjsos = -27s.
t . . iI\EH250J = -220
1 » ” . . [UKHSOJ = -176
§ . ” " also[Hcis = -072 ; [KCU = 0-161.
The values of kf in the last column were obtained from equation
(4b) after substituting the values of k%, and kIK,VOi derived
from Table VII. No great accuracy can be claimed for the catalytic
coefficients of HS04~, CH2C1. COOH, CH20HCOOH and CH3COOH in
Table VIII, since in no case was the last term in the equation :—
[H3P 03] [H3P04]
I/slope = kt° +
P [H+] [H+]
[HA] b
vV o- 4
[H+] (4b)
more than 30 per cent, of the observed 1/slope. Indeed, conditions

under which the catalytic contribution of a weak acid should predominate
over those of H+ and H3P03 cannot be realised in practice since, for con-
venient speeds of reaction, it is necessary to have a reasonably large

17 Wright, /. Am. Chem. Soc., 1934, s6, 314 ; Dawson and Key, J.C.S., 1929,

9.
18Nims, J. Am. Chem. Soc., 1936, 58, 987; Larsson and Adell, Z. physik.
Chem. A, 1931, 157, 342.
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concentration of free H3P 03 in the system as reactant, and this in turn
necessitates a moderately high concentration of hydrogen ion. The
results are, however, sufficiently accurate to demonstrate the existence
of a general acid catalysis, and the values of the k fs of Tables VII and

VIl may be used for a rough test of the Brdnsted relation between
catalytic coefficient and ionisation constant. The pertinent data are

a\ .
(K] against log

iCA°” is roughly linear, except for the case of H+ ion for which k-f

a\
( j calculated from a linear

log = 0-415 log . Ala°) - i-74

are shown in the last column of Table IX.

TABLE IX.

Acid. A % V- *A© - log ~ obs- log ~ caln-

OH . 11 0-00987 55 — 2-000 — 1-02
H303 2 2 0-00634 3-7 x io-a . 2'499 . 2-33
h3od 3 2 0-00722 59 x 10-3 — 2-619 . 274
h so 4- 1 4 0-00552 8-83 X 10-3 — 2-26 - 2-34
Chloroacetic 1 2 0-001 1-09 X 10"3 __ 3.00 - 2-86
Glycollic 1 0 00006 1-44 X 10-3 — 322 — 3-22
Acetic 1 2 0-00031 1-67 X XO-3 - 350 _ 3.6°

The inner mechanism of this acid-catalysed reaction must evidently
be similar to that of the analogous reaction with hypophosphorous acid ;
the normal form of H3P 03 with the phosphorus atom in the pentavalent
state is transformed via the complex H3P03. H+ into the active form of
H3P 03, whose phosphorus atom is tervalent.

(d) Temperature coefficients of kxaand k'K t— It was seen from
Table VIl that, within our experimental error, the k”'s have all got a
temperature coefficient between 350 and 45° of 3-18. This corresponds
to = 22,500 calories for the critical increment of the acid-catalysed
process : H3P 03+ acid -> H3P03.H+ -j- base. Asregards the intercept

jtjt, its average value at 450 equals 4-95 ; the three estimates at 350

t
are not very concordant, but their mean value is 14-9. These data yield
a temperature coefficient of k'K t of 3-0 and E y Kt — 21,400 cal.

(¢) Dependence of k' upon [I-].—Under this heading similar
remarks apply to the acid catalysed H3P 03— 12 reaction as for the acid-
catalysed H3P 02— 12 reaction discussed in the preceding paper. There
it was shown that

Intercept kv,KI - Ks‘{tk}Z’A‘3+ [ Im * /e‘il's- 'ﬁél-lf\[l-]uc) ©)



R. 0. GRIFFITH AND A. McKEOWN 779

with /e'12 (the specific rate of interaction of 12 with the active form of the
acid) greater than /e'I3- and here (for H,P03) the same equation applies.
The experimental observations from which Kt.k'lt and Kt.k'lz- may
be estimated are summarised in Table X. AIll the experiments were
carried out at 45° and /x = 0-55, using Nal as iodide, HC104 as catalysing
acid and NaC104 as neutral salt.

TABLE X.
Temp. = 450; Kz—2-iS x 10-3

0—240 868&) 024 024 025 025

[ t% 00181 00282 0-1451 (.3493
t 306 2 e A XA
Intorcept (o) 3&8 ORISR Y, S

The data are consistent with Kt.k'Ti= 0-8i8; Kt.k'l3- = 0-202
and 4-05, as shown by the values of intercept (calc.) in the
last row, obtained by substituting these parameters in equation (5).
It may be noted that the ratio of the reactivities of 12 and 13~ found
here is not very different from the corresponding ratio obtained in the
acid-catalysed reaction of iodine with hypophosphorous acid.

Summary.

The Kinetics of the reaction between phosphorous acid and iodine
in aqueous solution have been investigated over a range of p 1 between 0-5
and 9, and at temperatures between 0° and 45°. In solutions whose pu
lies between 2 and 9 the sole detectable process is a reaction between
HPo0 3— ions and free 12 molecules. This bimolccular reaction is found
to have a very high P factor in the Arrhenius equation; attention is
directed to other reactions of halogens in aqueous solution which also have
high P factors.

In acid solutions of p1 less than 1 the reaction taking place involves a
prototropic change and is subject to general acid-base catalysis. Its
mechanism is presumed to be .—

Ai[Acid] /;, 2[Base] 12+ HD
H3PO3 H¥P03.H+ N HjPOj (active)
& j[Base] AdAcid]

Resultants

in which H3PO3 (active) contains tervalent phosphorus. The catalytic
coefficients of a number of moderately strong acids of the hxreaction have
been determined ; except for that of OH3+, whose reactivity is too low,
they satisf?/ the Brdnsted relation.

The velocity of the reaction between H2P03 and 12 was found to be
too small (in comparison with the two above-mentioned processes) to be
detectable.



THE INTERACTION BETWEEN NITROGEN
M OLECULES.

By J. Corner.

Received 14th May, 1940.

The intermolecular potential

where <9, rO are constants and r is the distance between the centres
of the molecules, has been shown to give a good approximation to the
second virial coefficient of some simple molecules. Lennard-Jones and
Devonshire have interpreted many properties of liquids and solids in
terms of 0 and r0, whose dimensions are those of energy and length
respectively. The parachor [P] can be treated similarly, and by dimen-
sional analysis it appears that [P]70-1/* r0"YJ should be a constant. This
is, in fact, the case except that for neon and hydrogen there are devia-
tions, probably due to quantum effects. Nitrogen shows a deviation in
the opposite direction, of magnitude several times the average deviation.
The same anomaly can be traced in other properties. For example, the
values of r0 and <0 given in Fowler’s Statistical Mechanics (2nd edn.,
p. 306) lead one to expect too large a critical volume and too large a
volume of the solid at the melting-point and at 0° K.

The theory assumes spherically symmetrical molecules and the devia-
tions for nitrogen might be caused by the failure of this assumption.
However, it would be disappointing if the theory could not be applied
even to nitrogen, whose molecule is much more nearly spherical than
most substances of chemical interest.

These force-constants were derived from second virial data. Recently
Hirschfelder, Ewell, and Roebuck 1 have shown that low-pressure Joule-
Thomson coefficients can be used for the same purpose. We have
therefore recalculated (®0and r0from the Joule-Thomson data of Roebuck
and Osterberg,2 and the second virial data of Holborn and Otto.3 The
treatment of the virial given by Buckingham in Fowler’s Statistical
Mechanics, Chapter X, can be used for the Joule-Thomson effect also,
instead of the process used by Hirschfelder, Ewell, and Roebuck. This
permits both sets of data to be used together, which is an advantage
when they are believed to be of equal weight. The data refer to tem-
peratures above 198° K. Hirschfelder, Ewell, and Roebuck have shown
that the quantum correction to the Joule-Thomson coefficient of argon
at 1730 K. is about J %, so the correction was omitted in the present
case.

The result was

$o= 1-307 X 10-1H
VO* — r03lV 2 = 4-88 X icr23 J

1Hirschfelder, Ewell, and Roebuck, J. Chem. Physics, 1938, 6, 205.
2Roebuck and Osterber% Physic. Rev., 1935, 48, 450.
3Holbom and Otto, Z. Physik, 1924, 30, 320.

7S0
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The values previously accepted were

<0 = 1-324 X io -14I

VO* = 5-14 x i0o-M J
The change in §0alters previous theoretical calculations of temperatures,
such as the critical temperature, by about 1 % ; the 5 % change in VO*
brings the properties of nitrogen more nearly into line with those of the
inert gases. Thisis shown in the table, in which VO— NV 0* where N
is Avogadro’s number.

N A Kr X o N
E_Ii_ig(_:al volume/FO ?38 ;f»_%i :_3—29 375 3-08 304
Lattice distance \obs. 320 3'8i (éjgi) (i_'ig) G i
o3

|
at 0°K., ina. Jcalc. 313 376 3'04 4'33 @) 4
5°59 >-26 (o) @s3) 5-38 5-24

(Brackets indicate that these values were assumed in the calculation of §0 and ro.)

I am indebted to Professor Lennard-Jones for his interest in this
correction.

Summary.

A recalculation of the interaction of nitrogen molecules, on conven-
tional lines, eliminates some anomalies in the derived observable pro-
perties of this substance.

The University Chemical Laboratory
and Peterhouse, Cambridge.

THE EXPLANATION OF A RULE FOR
CRITICAL TEMPERATURES.

By J. Corner.
Received 16th May, 1940.

The critical temperature of a gas provides a scale of reduced tem -
perature, and so enables its properties to be correlated with those of
related gases. This has considerable technical importance. Unfortun-
ately, the determination of critical temperatures is often very difficult.
To take an example, the properties of the normal paraffins are of special
interest to the oil industry, but with increasing chain length the critical
temperatures enter a temperature region where decomposition is rapid,
so that they cannot be determined experimentally. Nevertheless, when
so-called “ critical temperatures ” have been obtained by extrapolation
or from some more easily observed property they can be used to predict
many other properties of long-chain paraffins. For this reason, many
rules for predicting critical temperatures have been suggested in the
past. In this note we sho-w that a recent theory of liquids (a) explains
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the form of one of the more successful of these empirical rules, and (b)
shows that Te/TB can be correlated with certain other properties, at
any rate for the simpler molecules.

W atson’s Rule.

Let Tc be the critical temperature, and TB the boiling-point. Let
Tebe the temperature at which the molecular concentration in the vapour
is the same as in a perfect gas at N.T.P. ; thatis, | g.-molecule in 22-4
litres. Let VB be the molar volume at the boiling-point. W atson 1
suggested the empirical equation

Te/To = 0-283 |V 18 . . . (1)

He tested this on a number of non-polar substances, over a range of VB
from 16 to 190 c.c., and found that the deviations between calculated
and predicted values of Te/Tc were about 2 %. Te can be derived from
Tb by using Hildebrand’s rule. The result is

logre= 4-26 re/rB — 1-82 . . . n (2)

Here, and in the rest of this note, the logarithms are to base 10.

That there should be a rule connecting Te/Tc and VB can be derived
from the theory of liquids due to Lennard-Jones and Devonshire.2 This
assumes that in the liquid the molecules can be treated as spherically
symmetrical. The numerical calculations have been carried out for the
case when the potential energy of two molecules, whose centres are r

apart, is J where §0 and r0 depend only on the

type of molecule considered. One result has been the following formula
for the vapour pressure p (in atmospheres) at temperature T :

logp = log (9V 03) — 2-744<f>JkT — 4-678 . @)

This givesthe boiling-points of the rare gases to within a fewper cent.*
It is convenient to introduce a volume VO— Nr~/VIt, where N is
Avogadro’s number. VOis approximately the volume of a mole of the
liguid. Lennard-Jones and Devonshire 4 have proved that the critical
temperature is related to €0 by $0= 0-7S/c7'0. The vapour can be taken
as a perfect gas, so that when T = Te, the vapour pressure is 7e/273
atmospheres. Eliminating 9l r03, and the vapour pressure, from equa-
tion (4) with T = Te, by using their expressions in terms of Tc, VO, and
Te, it follows that

2-058 Tc/Te- logr./r. = 5-403 - log VO . . (5)

This can berepresented approximately by a formula of type(1), with
suitable constants. For VO between 18 and 90 c.c., the ratio Te/Tc,
calculated from (5), agrees with the formula

Te/rc= 0-3204 Fo0-122 ] . . e (6)

with deviations of about 0-3 % .

1Watson, Ind. Eng. Chem., 1931, 23, 360.
- Lennard-Jones and Devonshire, Proc. Roy. Soc. A, 1939, 169, 317.

_ *We are indebted to Professor Lennard-Jones and Dr. Devonshire for the
private communication of this unpublished formula. The boiling-point of argon,
derived from this formula, has been given in one of their papers.2 The formula
differs considerably from the result of an earlier version of the theory.3

3Lennard-Jonés and Devonshire, Proc. Roy. Soc. A, 193S, 165, 1.
41bid., 1937, 163, 53.
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Let F be the molar volume at temperature T. In this theory the
behaviour of a liquid is completely determined by the values of FO and
<0 for the constituent molecules. In particular, F/F, is the same

function of <j>JkT for all liquids. The volume of any one liquid varies
only slowly with the temperature, so that F/FO0 is, in fact, a slowly
varying function of (j>/kT. Considering variations from liquid to liquid
at the boiling-points, it follows that FD/F 0 is not much affected by the
variations of $QkTB. This latter quantity can be found from (4), when
we put p — | atmosphere and T = TB. Differences of <r<f3 cause
small variations of $9jkTB from liquid to liquid, and hence only small
variations of FB/VO0. Thus Te/Tc which is, according to (6), deter-
mined by FO, will appear to be determined by FB. This explains the
form of Watson’s rule.
For the rare gases FB is about 1-2 FO; by (6) this leads to

TelTc= 0-313 Fb°'12 . L G

This does not agree well with the experimental data ; even for the rare
gases, to which the theory should apply best, the deviations of Te/Tc
are about 10 %. This test is more stringent than the calculation of
boiling-points.

The Ratio TcjTB.

We may mention two other conséquences of the vapour pressure
equation (4). Att = tb,p = 1 atmos.; <$0and r03 can be eliminated
in favour of To and Fc, for Lennard-Jones and Devonshire have shown4
that 0 — 0-75 kTc and Nr03 = 0-707 Fec.

Hence
Tc/Tb = 1-597 + 0-486 log (rc/Fc) . . . (8)
The underlying theory should apply to the inert gases (except the

light members neon and helium) and to N2, CO, and CH4. W hether the
assumptions of the theory are true for other liquids is to be decided by
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testing its consequences. One such test is an attempt to express experi-
mental results in the form

rc/rB= A + B log (Tc/Fc),

where A and B are constants. Certainly, as a rule for all liquids, this
is not significantly better than TCTB = constant. It is well known
that this is only a crude approximation. If, however, we restrict our
attention to the substances, listed above, to which the theory should
apply best, we find that the best values of the constants are

A = 1-567; B = 0-4744 . . . - 9)
Fig. | shows that this law fits the observations very well. The agree-
ment in the first term is helped by the fact that in deriving (8) we have
used the theoretical relation between r03 and Vc. The experimental
relation increases this term by 008. The second coefficient is indepen-
dent of this uncertainty.
For the family of normal paraffins the constants A, B are

A = 1-3608; B = 0-898 . . . . (10)

Best values of To and TB for paraffins up to octane have been selected
by Cox.5 This formula reproduces TC/TB with deviations about 0-3 %.
This is closer agreement than we have been able to obtain from any other
formula for TCITB, containing only two arbitrary parameters.

The molar heat of evaporation AH is given in this theory by

AH = N kT ~{logeP)
= 6-19 $9.

This leads to expressions for the variation of Trouton’s

constant.”

= A'+ B'log (Tc/Vec).

As representations of the experimental data, these are no better than
the original form of Trouton’s rule. Bingham 6 has pointed out that
AHjTBappears to be alinear function of TBorAH. Barclay and Butler7
have used the latter form to show a certain similarity between solutions
and pure liquids.

Il am indebted to ProfessorJ. E. Lennard-Jones for helpful suggestions,
and to the Goldsmiths Company for the award of a studentship.

Summary.

It is shewn that the theory of liquids developed by Lennard-Jones and
Devonshire explains the form of W atson’s rule for critical temperatures,
and also gives the correct form of the variation of the ratio of the critical
temperature to the boiling-point, for the simple " permanent gases ” and
the normal paraffins.
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The study of surface films has already proved its usefulness in rela-
tion to biological problems ; in numerous papers Adam and his co-
workers, and Rideal and his co-workers, have described measurements
of the shapes and sizes of large molecules. These studies have hitherto,
however, been made at the interface between air and aqueous solutions :
the results of measurements at liquid-liquid interfaces would be more
valuable for biologists, since this type of interface is of much more
frequent occurrence in biological systems. The work described in this
paper is an attempt to measure the properties of films of various types
(solid, liquid, gaseous) formed at the oil-water interface under conditions
analogous to those at the air-water interface, so that the variation in
area per molecule and in surface pressure can be measured as the film is
compressed.

Danielli and Harvey 1 found that proteins were able to reduce the
“i.t.” (interfacial tension) between oils and aqueous phases to the order
of | dyne or less, and that naturally occurring oil-water interfaces must
therefore be covered by a monolayer of adsorbed protein molecules. A
preliminary investigation of the behaviour of adsorbed protein films
using the du Nouy interfacial tensimeter, showed that there are very
marked time effects; the “ i.t.” measured by the tensimeter showed
systematic variations extending over a period of up to 24 hours or more.2
The work of Gorter, Rideal and their colleagues on protein films has
shown that a globular protein, after adsorption at an air-water interface,
ultimately unfolds into a layer one polypeptide chain thick, and that this
unfolding process may take place very quickly, or may require a period
of many hours according to the conditions used. It seemed probable
that similar behaviour would be found at the oil-water interface: to
investigate this the Langmuir trough and the surface pressure apparatus
of Adam and Jessop 3have been adapted for use at the o