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IsoEiestic measurements of the osmatic coefficients are presented for the systems HC1oa-LiC104-H = , HCIQ«#
NaC104HD, and LiCICh-NaCIC

activity coeffi

h-TLO. Parameters obtained f

rom_these results are used to derive the

mep\tsli_n the mixtures. Estimates of the activity coefficients in the mixtures may be made from

Information on the limiting two-compongent systems with an error of 7% or less at concentrations up to 5 m.

The| systems HCICh-LiCICh-1LO and LICKL-NaCICh

-TLO obey Harned’s rule for both companents reasonabl

well gver the concentration range studied. For the system HC104-NaC104-H2) the deviations are greate%’,

especially at the higher concentrations.

. The importance of variations of free, energies from
ideality in chemical equilibria and kineticS is well
appreciated. - Information concerning these variations
15 0f inferest not onIP/ for Its |mgl|cat|ons concerning
the basic nature of sofutions, but also for its fundamen-
tal importance In, for example, the stugly of comﬁlexmg
reactions, estimation of molecular weights by thermo-
dynamic methods, and interpretation of redction rate
data. For aqueous solutions of electrolytes, there is a
vast body of data available for two-component systems
at 25°. “Most cases of practical interest, however
involve mixtures of electrolytes, and it s here that
there Is a scarcity of data. * There IS not enough In-
formation_on many jmportant s séems ?ven to~allow
a check of various plausible progequres for estimation
of multicomponent activity Coefficients from values of
the limiting two-component solutions. .

We have been interested for. some time in three-
component. systems, and a_few. years back

) | ack  we
tested equilibrium ultracentrifu

_ ation as a technique
for studies In this area.2 Rece tﬁ we have started

using the jsopiestic method.  The first system studied
was ‘a multicomponent sxstem of solutions havm% the
aﬁ roximate composition of sea water.3 BecauSe of
their Importance s Inert media for various studies, we
intend {0 study the behavior of various perchlorate

mixtures. . This paper presents the first results of such
an_investigation: the systems HCio+LIC10a-Ha |
HCIO~NaC10-H0, and LiC10~NaC10-H-0.

Experimental Section

materials.  St0CK Solutions of NaCl were prepared
from reagent grade crystals dried overnight ‘at 200°.
The concentrations of the solutions were calculated
from the weights of dried salt.  Analysis of these solu-
tions by meaSurement of the den3|t)(No 5 parts/100,000
and comparison with the data of Wirth4 gave differ-
ences in molality of 0.10% or less.

A stock solution of HS04was prepared from reagent

rade concentrated acid. The Solution was analyzed
yweltght titration against NaZC03  Weight titration
against a concentrated NaOH solution which had been
standardized against potassium acid phthalate gave

results about 0°6% higher than the NazC03 titration.
Since the direct titration with NaZ203 involved fewer

(1) Research sponsored by the TJ. S. Atomic Energy Commission
under contract with the Union Carbide Corp.

(2) R. M. Rush and J. S. Johnson, J. Phys. Chem., 68, 2321 (1964).
(3) R. M. Rush and J. S. Johnson, J. Chem. Eng. Data, 11, 590
(1966).

(4) H. E. Wirth, R. E. Lindstrom, and J. N. Johnson, J. Phys.
Chem., 67, 2339 (1963).
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manipulations and gave more consistent results when
the HA04solutions were compared isopiestically with ~ Jable | Isoniestic Goncentrations for
the NaCl solutjons, we used the concentration as de- ponent oy

termined by this method,
A stock s%lutron of HC104was prepared from reagent A ket O et

*
grae concentrated a0l The solion ves analyze g W I
y Weight titration agarnst NaZC03  Weight titration 57762 58971 10473
agarnstaconcentrate NaOH solutlon WhICh had been 45470 47036 1.6032"
standardized %alnst potassium acid phthalate ave 34117 3.0449 5.2181*
results aboutO Y higher than the N ZCOStltra 23218 24042 31913
\We Used teconcentra |onas determined by the d|rect D 8.3244 8.1180 17193
t|trat|0n with NaZo03 for the same. reasons as noted 2.3034 24418 9.3323
above for H504 Analysrsb dilution, measurement 3384 it 22388
of the density to 5 parts/100,000, and comparison with ' -
the data of Wirthd gave a molality 0.07% lower than H 8.4064 8.1892 17.426
the value obtained from the direct titration with Na2 1188 1o4 ol
C03 ' - '
6.2800 6.3680 11722
A stock solution of LiC104was prepared by neutral- b 5858 51213 0007
|2|rcrﬂ_|reagent rade HC 14W|th solid reagent grade ‘3‘3%‘8 %2238 &73(2)%%
to.:a pH of 45. The solution was analyzéd by 51808 32313 31961

eva oratlon of a samé)le to dryness, heating at 200°,
and weigh mg

A stock solution of NaC104was preE ared by neutral
izing concentrated reagent rade HC104 WI'[ solid
Wgsgea{]r}ag,rz%de oyag, S?aﬁon Oan ?a?n |g- tg 8%%%&” Table 11 _Isopiestic Concentrations for
heating 4t 110° an weighing as NaCKR.  Arialygig (e Two-Component Systems”
tl)g d||ut|0n measurement of the density to 5 parts/ e M oo m\oi

“HZ504as reference material. 60ne dish only.

and_comparison with the data of Wirth gave
a moIaIrty 0.02% Power than that obtained by evagpo ey o1an
ration to dryness, 20916 24240 3.2280
Solutlons of the various Rerchlorate mixtures were 22088 18563 2.3362
Pre pared by weight from the above solutions. Dis- LSl 13141 16389
lled Water passéd through a mixed-bed jon-exchange 16304 14150 16964
column, was Used for the preparation of all solutions. 11303 10150 1.1603
08191  (.7538 0
Apparatus and Procedure. The apparatus and 0.5915 0.5552 0.5988
Procedure have heen described previously.3 ' '
emperature of the bath varredOOl or less dlurin the 5%919 4.4666
course of an equrlrbratron exce Pt or four porntsw ere 34188 33400
the variation was 0 erature of the bath Y8004 57469
at equilibrium varred rom one ur |brat|on run to 19970 1 6569
another within the range of 24.99-25.0 5 7563 13176
FolIowrng the Welghlng of the ) drshes the first 19916 37924
dish was weighed a%arn the difference’ between the 41008 31710
two welg hmgs was 0.01% of the Werght of the solution, 3.2162 2.0448
or less.” Al weights were corrected to their weights Gagds Ti5
in_vacuo.  1Ne ClIshes were allowed to equilibrate” for - '
-7 days. 26685 2.1516
For each set of equilibrations, there were at least two 21300 1155
dishes containing the same sofution, except as noted in 11544 10103
the tablt%s The rtnaénnrr]um drﬁgrler}ce I concentration 08378 0.7528
among the replicate dishes was 0.1% “NaCl as reference material. bOne dish only.
The reference matenal was NaCl up to the limit of y
its solubility and HZA04 for higher concentrations.

The osmotic coeffrcrents of these electrolytes were taken . . .
from the tables given by Robinson and Stokes.5 S, feviesd Butterworth and Go. Ld, Landon, 3065, o
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IsopiESTic Measurements of Osmotic and Activity Coefficients 769

Results

The isopiestic molalities for the limiting two-com-
%onent %stemsL HC104HZ, LiC104HZ, and. Na-
10-H ,areglven in Tables | ardll.  The isopiestic
molalities and the osmotic_coefficients for the three-
conaponent systems,  HCios-LICi0a-H=o , HC104
NaC104H2D, and LiC.o+NaCios-H= , are given in
Tables 111-VI.

Table I11: Isopiestic Concentrations and Osmotic
Coefficients for the System HC104A)-LiC10i(B)-HD
Wi m o o (otsd)
5.979% 4.4224 0.2509 1.7145
4.4366 0.4997 1.7090
4.4513 0.7474 1.7033
51742 3.9010 0.2509 15991
3.9043 0.4997 1.5977
3.9100 0.7474 1.5954
3.8196 2.9880 0.2509 1.4093
2.9802 0.4997 14130
2.9746 0.7474 14157
2.8004 2.2125 0.2509 127111
2.2609 0.4997 12716
2.2518 0.7474 1.2828
1.9970 1.6834 0.2509 1.1657
1.6728 0.4997 11731
1.6637 0.7474 1.17%5

Treatment of Results

In the interpretation of the above data, we follow the
Procedure of ‘Scatchard,6 who starts with, the excess
ree energy, ce  The excess free ener%y i the total
free energy of the solution less that of thie components
in their Standard state, and less the ideal free energy
represented by the concentration terms. Scatchard
uses the dimensionless form, cesrr, Where = IS the
gas constant and T 15 the absolute femperature.  He
Expresses it as a sum of contriputions calculated from
the limiting two-component solutions (a, terms, solute
indicated £ smgle subscript), contributions involving
concentrations of two solute components (a series of
terms, the solutes indicated by a double subscript),

(6) G. Scatchard, J. Amer. Chem. Soc., 83, 2636 (1961). For the
convenience of readers who may wish to follow the development in
detail, we list several misprints in the equations. Equation 1
should read: Ge/RT = (G — G*)/RT + 2im(l — In m/nowo) =
XmAiVI + + CijvT)/noii'o+ Sijkmigprk(i>ijk + Eijkv/7)
(ncwo)2 + mee.  The first line of eq 8 should read: —£X(Ge/RTXim*)/
d(In nBvB = (2irimi/2imi*)(0 — 1) = .... The final factor in
eq 15 should be vb3 The equations on p 2639 should read: Bab«l« —
Bab<0) + 3(Bab(l,2) —/3ab(12) = —IUs(Pab(0'!>+ 3(lab(l'2), (>bmb/
Z)In7B= Ab+ ob+ [- (@B —«a) + [Zab(0,i) + 48ab(0,2)/3]2/a—
f3ab<022a2 (17). The correlation of Harned’'s symbols with Scat-
chard’s, on p 2640, should be: — f[(aB — «a) + [Zab(01> +
28ab(0'2/3]/2.303 val, - fe[(«A - «b) + [Sab«l« + 4/3ab(0'2/3]/
2.303 vol, /2 + Zllab«’'2/2.303"b/ 2 In the section concerning the
Debye-Hiickel treatment, it should be noted that 3 = 2(—1.17)
for agueous solution at 25°.

Table IV: Isopiestic Concentrations and Osmotic Coefficients
for the System HC104A)-NaC104B)-HD a

wHAH m VB ‘P(ObSd)
8.5700 9.5588 0.2486 2.3548
11.3156 0.5005 1.9892

13.8616 0.7493 1.6238

7.2386 8.1744 0.2486 2.1319
9.5044 0.5005 1.8336

11.3730 0.7493 15323

5.7762 6.5680 0.2486 1.8666
71.4696 0.5005 1.6413

8.6928 0.7493 1.4104

4.5470 5.1536 0.2486 16331
01437 0.5005 1.4653

6.5180 0.7493 1.2913

34117 3.8176 0.2486 1.4169
41682 0.5005 1.2978

46144 0.7493 1.1723

2.3218 2.5398 0.2486 1.2218
2.71113 0.5005 1.1445

2.9222 0.7493 1.0619

8.4064 9.3976 0.2486 2.3267
11.0989 0.5007 1.9700

13.5577 0.7496 16127

7.7388 8.7077 0.2486 2.2169
10.1928 0.5007 1.8939

12.3084 0.7496 1.5684

1.1752 8.1110 0.2486 21191
9.4192 0.5007 1.8248

11.2588 0.7496 1.5266

6.2800 1.1348 0.2486 1.9580
8.1760 0.5007 1.7086

9.6088 0.7496 14539

5.5858 6.3551 0.2486 1.8300
71.2034 0.5007 1.6145

8.3514 0.7496 1.3925

4.3945 49770 0.2486 1.6026
55206 0.5007 1.4448

6.2561 0.7496 1.2749

3.3180 3.7080 0.2486 1.3989
4.0402 0.5007 1.2836

4.4633 0.7496 1.1619

2.4825 2.7272 0.2486 1.2480
2.9206 0.5007 1.1653

3.1616 0.7496 1.0765

“ HX04as reference material.

and hlﬁher terms for systems with more than three
componients, - Concentrations are expressed In_fonic
strength units, The A’s and &5 are functions of tem-
peratlire and gressure,_ and ionic stren%th. For
convenience In computation, we have expanded these
arameters a little differently than Scatchard.  Our a
or each electrolyte consists’of a Debye-Hiickel term
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Table V: Isopiestic Concentrations and Osmotic Coefficients
for the System HCIOMARNaCIO™BRHsO™

mNaCl m VB + (obsd)
5.3454 4.3479 0.2486 1.4985
47850 0.5005 1.3617

5.3502 0.7493 1.2178

4.2536 3.5320 0.2486 1.3666
3.8369 0.5005 1.2580

42236 0.7493 1.1429

2.9916 25611 0.2486 1.2196
2.1338 0.5005 1.1426

2.9480 0.7493 1.0596

2.2088 1.9398 0.2486 1.1327
2.0444 0.5005 1.0747

2.1716 0.7493 1.0118

1.5771 1.4218 0.2486 1.0655
1.4807 0.5005 1.0231

1.5509 0.7493 0.9768

1.6304 1.4656 0.2486 1.0716
1.5282 0.5005 1.0277

1.6026 0.7493 0.9800

1.1303 1.0416 0.2486 1.0206
1.0748 0.5005 0.9891

1.1132 0.7493 0.9550

0.8191 0.7688 0.2486 0.9902
0.7875 0.5005 0.9667

0.8084 0.7493 0.9417

0.5915 0.5635 0.2486 0.9695
0.5739 0.5005 0.9519

0.5852 0.7493 0.9335

° NaCl as a reference material.

and a power series in . As many B terms are used
as are necessary to represent the three-component
data; each of our B terms is an integral power series
inl (see eq 8 and 9).

By differentiation of appropriate excess-energy
functions with respect to amount of solvent, an expres-
sion involving the osmotic coefficient, 4% of the so-
lutions is obtained; by differentiating with respect
to number of moles of component J, an expression for
the activity coefficient, yzj, is obtained. (Guggen-
heim7 has used a similar procedure in a discussion of
mixtures of 1:1 electrolytes, although his discussion
was limited to concentrations at which power-series
terms linear in concentration are adequate.) These
equations involve the A and B coefficients and their
partial derivatives, a and /3 with respect to Inl. The
coefficients in the equations for € necessary to fit ex-
perimental data are also the coefficients in the In y+
equations, and activity coefficients can be evaluated
from $ for two- and three-component solutions without
going through the cumbersome conventional integra-
tion procedure, with the difficulties it involves near the
limit of zero concentration. This treatment, instead,
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Table VI: Isopiestie Concentrations and Osmotic Coefficients
for the System LiC10i(A)-NaC104B)-H2D

\WNaCl m Ve (obsa)
5.7563 4.6958 0.2509 1.5332
5.1715 0.4982 1.3922
5.8212 0.7562 1.2368
4.9916 4.1018 0.2509 1.4499
4.4881 0.4982 1.3251
5.0087 0.7562 1.1874
4.1008 3.4056 0.2509 1.3527
3.6946 0.4982 1.2468
4.0782 0.7562 1.1296
3.2162 2.7105 0.2509 1.2571
2.9122 0.4982 1.1700
3.1734 0.7562 1.0737
2.3548 2.0279 0.2509 1.1652
2.1534 0.4982 1.0973
2.3122 0.7562 1.0219
1.7073 1.5046 0.2509 1.0974
1.5804 0.4982 1.0448
1.6739 0.7562 0.9864
2.6685 2.2780 0.2509 1.1983
2.4294 0.4982 1.1237
2.6244 0.7562 1.0402
2.1380 1.8541 0.2509 1.1423
1.9620 0.4982 1.0795
2.0980 0.7562 1.0095
1.5503 1.3760 0.2509 1.0808
1.4408 0.4982 1.0322
1.5206 0.7562 0.9780
1.1544 1.0453 0.2509 1.0398
1.0858 0.4982 1.0010
1.1338 0.7562 0.9586
0.8378 0.7736 0.2509 1.0072
0.7974 0.4982 0.9772
0.8246 0.7562 0.9449

implicitly makes use of the known Debye-Hvickel
expressions for $=and In y+ in dilute solutions.

The equation for <€ of a three-component mixture is
(ref 6, eq 14)

PR [ S — {oa +

; «b — aa b +
VAVIX + VblUb ( 2 ) y

BabO2Zb(1 - 2b) + Bab(b(1 - 2b)(1 - 2yB)} (1)
where

S . 1

o T LA

2In (1 + ajZl) + aj<»d + ajwP +

ajidf 3+ ajrl*  (2)

(7) E. A. Guggenheim, “Applications of Statistical Mechanics,”
Clarendon Press, Oxford, 1966.



771

Isopiestic M easurements of Osmotic and Activity Coefficients

Table VII: a Parameters for the Two-Component Systems (Eq 2)
<> KB a4 a
la HCIO all data 0.23770 0.03666 —0.00204 0.000046 0.0022
Ib HCIO4 NaCl as reference 0.2588 0.01164 0.00600 -0.000740 0.0005
material
2 LiC104 0.3434 -0.01570 0.00678 -0.000666 0.0007
3a NaCiQi, all data 0.00894 0.01102 -0.000950 0.0000236 0.0030
3b  NaClOi, NaCl as reference 0.00172 0.01276 -0.000890 (o8 0.0005

material
“ Not varied; fixed at zero.

Bab() = W 01/ + 6ab(0272+ &BOP (3
0AB(l) = 6ab(1')/ 2+ 6ab(1'Y 3 (4)

and where j is the ionic strength fraction 1j/1 for any
component J, aj is the distance of closest approach
parameter for any component J, Vvj is the number of
ions per molecule of component J, | is the ionic strength
on the molality scale, and S = —1.17082 (aqueous
solutions at 25°). For a mixture of two 1:1 electro-
lytes, 1/(vawmia. + vsms) = 0.5and |l = m = mA+ « b,
the total molality. It should be noted that our
&AB(i,i> are Scatchard’s [8ABW,i)/7 i.

The equations for the activity coefficients of com-
ponents A and B are (ref 6, eq 15)

In y+A = VAHIA[Aa + aa +
(¢b — «a) 2b + Bab(QJb + (Bab(() —
IW 0) B2+ Bab(lilb + 3(£ab(l) -
IW X) 1/B2 - 2(2Bab() - W x) 203] (5)
In7+b = [A3 + aa +
>b® b
(«<A — Db) ya + Bab(0fa + (Bab() —
IW 0) va2 ~ dAB()2A - 3(Bab(l) -
Bab(l) Va2 + 2(27%ab(l) - /W T) yA3] (6)
where
(Ai+ ai) = = 2q + 2ai(7 +

JAj@ 2+ VaaA'T3+ G4aj@ 4 (7)
Bab() = hABQ')/ + Vj6abiod 2+ U%Bab(0Y 3 (8)
Bab() = V28AB(L') 2+ U35ab(l-Y 3 (9)

For a mixture of 1:1 electrolytes | a/vAma = 7b/\btyib =
0.5.

The values of the power-series coefficients, aj(K), and
the distance of closest approach parameter, aj, in eq 2
are obtained from the osmotic coefficients of the in-
dividual components, in this study by the method of
least squares. These coefficients can then be used in
eq 7 to calculate the contribution of the individual

components to the activity coefficients. The osmotic
coefficients for the mixture are then used to obtain the
b coefficients of eq 3 and 4, again by the method of least
squares. These in turn define the B coefficients of eq 8
and 9.

It should be noted ‘hat, since the Debye-Hiickel
contributions of the two-component systems appear
only in the A and a terms, the distance of closest
approach parameter need not be the same for the two
components of the mixture.

Discussion

Two-Component Systems. The values of the a coef-
ficients for the two-component systems are given in
Table VII. The deviations from the fitted equations
are shown in Figure 1. In all cases, a satisfactory fit
could be obtained with a fixed at the value 1.5. The
standard deviation, a = [Sd2(n - fc)]1, where
d is the deviation, n is the number of observations, K is
the number of variable parameters, and the summation
is overall observations, is also given in this table.

1. HCIOi. Two sets of parameters are given in
Table VII for HC104. The solubility of LiCICfi limits

Figure 1L Deviations of osmotic coefficients for two- and
three-component data from fitted equations
(symbol, yB +,0.0; A 0.25; *,0.5; v,0.75 X, 1.0).

Volume 7Z, Number 3 March 1968
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the concentration range of mixtures containing this
salt to approximately the range covered by NaCl as
the reference salt. Parameters for HCKR were derived
for the entire range of concentrations and for the con-
centration range covered by NaCl as reference salt.
In both cases, the osmotic coefficients calculated with
these parameters agree with those tabulated by Robin-
son and Stokes6 with an average deviation without
regard to sign of 0.003 and a maximum deviation of
0.009 in O.

2. LIiCIOi. The osmotic coefficients derived from
the parameters given in Table VII agree with those
tabulated by Robinson and Stokes,5 with an average
deviation of 0.003 and a maximum deviation of 0.013
in 0.

3. NaClOi. As with HCI04, a separate set of
parameters was derived for the data with NaCl as the
reference material. Literature values for the osmotic
coefficients of NaCICfi go up to only 6 m.5 Within this
range, our values agree with those tabulated by Robin-
son and Stokes5with an average deviation of 0.003 and
a maximum deviation of 0.005 in 0. Table VIII gives
values of the osmotic coefficients and activity coeffi-
cients of NaClOi at even molalities from 6 to 18 m as a
supplement to the tables in the literature.5 The data
in this table were calculated using parameter set 3a of
Table VII.

Table VIII: Osmotic and Activity Coefficients for
NaC104at High Concentrations

m ® 7+ m < =
6 1.0579 0.684 13 1.2118 0.887
7 1.0888 0.713 14 1.2218 0.910
8 11174 0.744 15 1.2306 0.933
9 1.1430 0.775 16 1.2392 0.955
10 1.1653 0.805 17 1.2493 0.979
n 1.1841 0.834 18 1.2626 1.007
12 1.1994 0.862

From the above discussion, it is clear that our mea-
surements on the two-component systems are in satis-
factory agreement with values in the literature, thus
lending confidence to the accuracy of our three-com-
ponent values.

Three-Component Systems. The values of the b
parameters for the three-component systems are given
in Table IX. The deviations from the fitted equations
are also shown in Figure 1. For each system, fits
were obtained using combinations of parameters other
than those shown in the table. The sets of parameters
given in Table IX are those with the least number of
parameters which do not represent a significant in-
crease in the standard deviation (cr).

In considering the activity coefficients in the mix-
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Table 1X: b Parameters for the Three-Component
Systems (Eq 3 and 4)

HCIOiiA)- HCIOi(A)- LICKMA)-

LiClOi(B) Naclo.(B) NacCloi(B)
Two-component Ib, 2 la, 3a 2, 3b

parameters”
6aB(IM> 0.0308 0.0609 0.0158
6ab®'» -0.00637 -0.03213 -0.0202
6ab(0'® Ob 0.000319 0.00105
6ab(l'?) (04 o 0.00420
6ab(,.s & -0.000513 -0.00097
a 0.0006 0.0022 0.0004
“ See Table viI. 6Not varied; fixed at zero.

tures, it is convenient to define a deviation function 8
such that

5 = log y*j - (log yzj), (10)

where (log ytj)ais obtained from eq 5 or 6 using only
the parameters for the limiting two-component systems,
i.e., with the b coefficients all equal to zero. Thus

8 = —

vaM

13aB() B2+ /W B + 3(RaB() -

[/W 02b + (Rab9) -

1PAB(L)) 2/B2 - 2(2BAb(l) - Oab(l) yB3] x 0.4343 (11)
8 = ~M /W °>2/A + (Rab(0) -
Jb WTb

I3AB(0) 2A2 - (jAB(I)A -
IW 1) 2R+ 2(2Rabl(l) -

This deviation function indicates how well the activity
coefficients in the mixture can be estimated from the
limiting two-component osmotic coefficient data. By
the Brpnsted rule (as extended by Scatchard) for
obtaining activity coefficients of electrolytes in mixed
solutions, 6 = 0, and the value of 8 can be taken as a
measure of the success of this rule. In addition, it is
possible to observe how well a given component obeys
Harned's rule.8 A plot of 8 as a function of ionic
strength fraction at a given ionic strength should be
linear if Harned’s rule is obeyed for the component in
guestion.

1. HCIOr-LiClOi-HzO. This system was investi-
gated over a shorter range of concentrations, partly
because of the limited solubility of LiC104 and partly
because of the proximity of the osmotic coefficients of
HCIO4 and LiC104 The osmotic coefficients of this
system can be fitted quite well with only the two cross
parameters BAB(01) and 6ab(02 (see Table I1X). The
behavior of the deviation function 8 at ionic strengths

3(RaB(I> -
Bab(l) ya3] X 0.4343 (12

(8) H. S. Harned and B. B. Owen, “The Physical Chemistry of
Electrolytic Solutions,” 3rd ed, Reinhold Publishing Corp., New
York, N. Y., 1958, Chapter 14.
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Figure 2. Deviation function, 5, for the system
HC104LiC104H 2.

2 and 4 is shown in Figure 2. As can be seen in
this f fqure, the. maximum’ error in _approximating the
activity coetficients from the limiting' two-component
data is 2% inytat, = 2and 4% at, = 4. The
maximum deviation from linearity (Harned’s rule)
50.1% iny- ats = 4andevenlessatt = 2. It s
apparent from Fiqure 2 and from eq 11 and 12 that, if
raw iy 19 2610, the’3 functions for the two components of
the mixture are mirror images, ,

2. HCl04 Nacloi-H<>0,  Because of the high solu-
bility of HC10. and NaCICh, this system was Investi-
gated over the greatest range of concentrations (0.6-14
m).  ThiS systém can be represented adequately with
four cross parameters &\bm),_&bSOZ) ﬁabg, , and
&b(l3 (see’ Table IX)‘. Inclsion of “the parameter
sab(12 did not improve the standard deviation ).  Fix-
mg b¥’3 at zero, produced almost as good a fit (a =
0.0028) as.that given in_Table IX.  The behavior of
the deviation function, 5 at three ionic strengths IS
shown In Figure.3.  The maximum error. in approxi-
mating the activity coefficients from the ||m|t|ng two-
component datais2, 7, and 50% in yx.at, = 1,5, and
9, respectively. The maximum deviation from lin-
earity at thesé same ionic stren?ths 15 0.3, 5, and 20%
In -%, respectively. It is clear trom Figure 3 that the
deviation from ||nea_r|t¥ (Harned’s rule) is greater for
HI]eC%ZIVIty coefficient of HCIO. than for that of

d - :

3. LiCIOi-NaCIOs-HiO. Investlgg_tl_on of this sys-
tem was also limited by the solubility of LiCI04
Since the osmotic coefficients of LICL0. arid NaC10. are
quite different, the nvestjgation was extended to lower
concentrations than WITE the FAC104-LIC104H 20
system.  This system requires all five cross parameters
#_see Table 1X) for the best fit to the data, although the
it is almost & good (& = 0.0009) using only the two
Harameter? sanon AN s.002. TNe Behavigr of the
deviation function, 5 at three fonic strengths s shown
in Figure 4. The maximum error in approximating the
activity_coefficients from the limiting_two-companent
datais04 2 and /%iny. ati = 1,3, and 5, respec-
tively. The maximum deviation from linearity at

Figure 3. Deviation function, s for the system
HC104NaC104H 2.

Nt
Figure 4. Deviation function, 5 for the system
LiC104NaC104H 2.

these same ionic strengths iS 0.2, +, and 2% in y«,
respectively. o

rom trie above discussion, it is apparent that the
equations tglven by Scatchard provide an adequate and
convenient mean$ of representing the osmotic. cogffi-
cients of three-component, mixtures, Inaddition,
these, equations provide a simple method for the cal-
culation'of the activity coefficients that is not dependent
on an Integration to zerp concentration, as is the case
with the "McKay-Perring method.. We have re-

(9) H. A. c. McKay and J. K. Perring, Trans. Faraday Soc., 49, 163
(1953).
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cently shown that the Scatchard approach, as outlined
above, agrees well with the McKay-Perring method for
the systém NaCl-KCl-H2) .« _ _
The Scatchard equations also provide a convenient
way of approximating the osmotic or activity coef-
ficlents in " the threé-component mixture from the
data on the limiting fwo-component Systems alone.
Guggenheim, also has found for many dilute solutions
of 171 electrolytes that activity coefficients for mix-
tures can be estimated to a good approximation from
two-component data. In the examples given. here,
the error In v+ Introduced by this approXimation s,
at most, 7% at ionic strengths up to five. For the
one system studied at highér concentrations, wcio4-

Y. R. Pai Verneker and M. Brais

NaCl10-H-0, this apprommatlon I_Produce_s a_much
greater_error.  For the systems HC10-LiC10-H2
and LICICh-NaCICh-IRO, “Harned’s rule is followed
for both comPonents within a few per centup to 7. =5,
For the system HC10-NaC10-H:0, the deviation
from Harned’s rule is quite noticeable even at 7 = 5.
The activity coefficients of HC10. show a greater de-
viation than those of NaC104

Acknowledgments. W exPress our appreciation to
Professor George Scatchard for helpful discussions and
to Neva Harrison for technical assistance.

(10) R. M. Rush and R. A. Robinson, J. Term. Acad. SCi., in press

Photodecomposition of Aqueous Solutions of Barium Azide

by V. R. Pai Vernekerland M. Blais

Marc

Exglo,sivgs Lab?]ratorg, Eeltman Research Laboratories, Picatinny Arsenal, Dover, New Jersey 07801
Receive b, 1967)

The kinetics of gas evolution and the formation of ammonia, hydrazine, and hydroxylamine when agqueous
solutions of barium azide are photolyzed with light from a low-pressure mercury lamp are investigated as a

function of intensity, time of irradiation, and the concentration of the solution.

Earlier work on the change

in pH of such solutions as a function of time of irradiation by Bonnemay has been repeated. Results indicate

that the pH rises steeply and finally attains a constant value.
is followed to completion, the pH eventually begins to decrease.

In extremely dilute solutions, if the reaction
A possible explanation as to why Bonnemay

found that the reaction is heterogeneous in certain concentration ranges is included. This is discussed in the
light of the possible interference of C02and of the photodecomposition of secondary products.

Introduction

- Studies on the photodecomposition of aqueous solu-
tions of azides have been undertaken bly leu.. Bon-
ne%y,s and _Shlr]ohar, et al= JNe tt?r WOH(GI’S
adged mercuric salt to the azide solution before photo-
lyzing. - During photolysis the hydrogen atoms formed

(N3 + HD " H + OH~+ N reduce the mercuric
saltand give mercurous azide; the pH of the solution
remains “unchanged.  The experimental conditions
such as degassln% of the solution, description of light
SOUIFCE, «tc., WhICA We find to be of great importance in
these studies, are explicitly described by Shinohara,
et al= 10e Other workers,” Gleu. and Bonnemay.; do
not describe their conditions in detail, althoughi they
both studied the photolysis of aqueous solutions of
NaNs without any intentional use of a. scavenger.
Gleu- used as a light source a Hg lamp which was m-
mersed in the experimental solution, the solution being
contained in a closed vessel at a constant temperature.

The Journal of Physical Chemistry

He analyzed 0n|¥ the final products of decomposition.
The 2é)r ducts of decomposition are N-H4 NH.OH
NH.OH, N { and a trace of H2 and are independent of
the pH of the solution. Bonnemay did not immerse
the Hy lamp in the solution but used a quartz vessel
as a container and a low-pressure mercury lamp as an
external source (X ~ 2537 Ag. He followed the. re-
action b;( .observing the destruction of azide ions
colorimetrically, using FeCl3 and the increase in the
H using a pH meter” He found that in the. concen-
ration range 2.3 n 10 saturation the reactjon is homo-
genequs and does not qepend on the vessel used. | The
reaction has the following characteristics.. There is an
Induction period (pH ~9), a rapid rise in the pH, a

(1) Address correspondence to this author at the Research Institute
for Advanced Studies, Baltimore, Md. 21227.

@ K. Gleu, Ber. Bunsenges. Phys. Chem., 61, 702 (1928).
(3 M. Bonnemay, J. Chem. Phys., 41, 18 (1044).
(4) K. Shinohara, T. Shida, and N. Saito, IDid., 38, 1985 (1963).
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reﬁlon of fairly constant pH (—105), and a second rise
followed by & constant pH region” &=118). In the
medium concentration range (I'to L X 10 sM), the
reaction is heterogeneous. ~In some cases, piots of pH
vs. time are similar to those in the strong concentration
range, buf in other cases, after the induction period,
the"pH rises to a constant value of 12 without any
Intermediate step.  This behavior is attributed fo the
vessel. In the weak concentration range. (below
0.001 n) the gH, after the induction period; rises to a
constanf_valu which depends on the concentration of
the starting solution.  The reaction is homogeneous.

Although Bonnemay has made a sYst_ematlc study. of
the reaction as it proceeds {the depletion of the azide
lon and the_production of the OH-), the results are
rather puzzling because, the photochemical reaction is
homogeneous “In- certain concentration ranges and
heterdgeneous in other ranges.  In this paper'a stuo(ljy
IS mage of the production and destruction of the prod-
ucts during the course of the reaction.

Experimental Section

Water used in all the experiments was triply distilled.
Barium azide was prepared by passing hydrazoic acid
0as, prepared by the Reitzner method, Into an aqueous
Solution’ of barium carbonate of spectrosc%nc grade.
The radiation source was one or more_Spectroling
Euartz pencil lamps, manufactured b¥ Black Light

ast _CorP, Westbury, N. Y. The output of the lamps s

rincipally 2537 A, with a small component of 1849 A,

he ||(fht Intensity was varied by changimg the number
of the Tamps calibrated with a thermopile.” The experi-
ments were all done at a constant temperature of »o°
%nd _|dn + atm of helium, nitrogen, oxygen, or carbon

loxicle.
A'known amount of the solution (degassed in all the
e>r<Hoer|ments except when it was desirable to show the
eftect of not degassing) was put Iinto a double-walled
uartz vessel, and aif’ or water was passed between
the walls. The lamp used In this work, or anY low-
Eiressure mercury. lamp, _emits light of wavelength

849 A (~2.0%) in addition to the magor component,
2537 A (~98%). A water filter reduces the intensity
of 1849-A light by 90-95%, whereas 2537-A light is
reduced by only 10%. The_electrocles to meaSlire_the
er or a thermometer were inserted Into the solution.

he light source was kept_outside the vessel and was
warmed up for at least 20 min before a run. The
fraction of the light absorbed by the solutions was
clependent on the Concentration of the azide ions,  The
|1|%ht traveled a s-cm path of the experimental solution,

e gas evolved as a result of photolysis was measured
by the displacement method and the pH was recorded
on apH meter.  Samples of the solution were taken at
Intervals with a syringe and analyzed for the Qroducts
formed. At the énd of the experiments when the |g t
was turned off (Figure 1) the azidle was all decomposed.

Figure 1. Photolysis of barium azide solutions: (a) in air and
C02atmosphere; (h) nonde%asged solutions in 02 N2 or He
atmosphere; (c) degassed solutions in 02 N2

or He atmosphere.

Results

The J_)hotol sis in air of barium azide dlissolved in
triply distilled water (not degassed) was followed from
the pH change with the fo 0W|n_? results.  The PH

Increased, stayed constant for awhile (dependlngi onthe
co_ncentratloni, and then increased again until it at-
tained a constant value. When the light was switched
off, the pH decreased Slowly, sometimes returning to Its
Initial value and at times reaching an even lower value.
However, when the experiments Wwere Rerformed in an
atmosphere of CQ:, the pH did not change at all, al-
though the azide was decomposed. Furthermore
when the experiments were done in an atmosphere of
nitrogen, oxygen, or helium, the valug of the pH did not
fall when thé ||?ht was switched off. Figure 1 sum-
marizes the results of the different experiments carried
out .in different atmospheres, When nondegassed
solutions_of a higher concentration were employed, the
Intermegiate sted was observed in a plot of pH vs, time
of irr. dl?tlon, ut these were not detected with de-
gassed solutions as shown in Figure 1 ,

_ Reproducible results were obtained only if the solu-
tions' saturated with nitrogen were carefully degassed
before measyrements were made,

1 weak concentrations of the order of 10.s m. and
with air used to cool the quartz cell (S0 as to maintain
the temperature constant), it was found that the ﬁ'H'
after rsing and attaining a constant value for a whil,
started totall. ~ This effect was not observed if a water
filter to remove the 1849-A light was placed between the
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mercury lamp and the cell instead of the air.  This is
showninFigure2, _ _

The pho 0I¥zed solutions were _subr{ected to analysis
at varloys stages of _decomﬂosmo . The analyses
were carried out according to the methods of K_ellg/ and
Smith,b Pesez and Petit,b Bremner,7 and Blais.§ No
detectable amounts of NH2NH2or NHZ)H were found.
The products of decomPosmon were principally OH-
and NH3and N2gas, but small amounts of H2were also
found, The ammonia concentration decreased after
reach|gz([1 a steady value, when light of wavelength 2537
and 1849 A was used as the photolKlzm:? Source, as is
shown in Figure 3. In Figure 4 the NH3concentration
15 plotted as a function of intensity, and it is shown that
the rate of formation of NH3 was proportional to the
intensity of the source (X~ 2537 A).” Figure 5 gives
plots of: (@) depletion of N3, (b).increase in pH, (¢)
as evolution, and &d) NH3 formation as a function of

e time of Irradiation. Figure 6 gives plots of the
rate of formation or_depletion of the products vs. the
intensity of light. Tables I and Il glve the %neld_s of
products resufting from the decomp sition of barium
azide solutions in"the presence of nitrogen and helium,
respectively.

Table I: Photolysis of Ba(N32in Nitrogen (1 atm)“

Total

Time of azide ion Total N2 Total NHa
irradia- depleted, Total Ni,6 Total NH7,6 formed, formed,
tion, X10-< Xio-< Xio-< X10"4 XK)-*
min mol mol mol mol mol

30 0.68 0.91 0.23 0.70 0.67
60 1.31 1.73 0.43 1.37 1.46
120 2.86 3.81 0.95 2.92 2.81

“ Concentration, 5 X 10~2 M.
depleted according to eq 1 and 2.

bCalculated from azides

Table I1: Photolysis of Ba(N32in Helium (1 atm)“
Total
Time of azide ion Total N2 Total NHa
irradia- depleted, Total N,.1 Total NH,,1 formed, formed,
tion, Xio-« xio-* xio-< xio-< X10"«
min mol mol mol mol mol
30 1.35 1.80 0.45 0.20 0.74
60 1.99 2.64 0.66 0.69 1.71
120 3.43 4.56 1.14 1.98 2.32
360 7.05 9.40 2.35 6.03 4.80

“ Concentration, 5 X 10 2 M.
depleted according to eq 1 and 2.

b Calculated from azide

Discussion

The results presented in Figure 1 clearly indicate
that photolysis of agueous slutions of barium azide is a
homogeneoUs reaction and Is independent of the reac-

The Journal of Physical Chemistry
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Figure 2. Effect of 1849-A radiation on the pH of
barium azide solution (s X 10~6M).

Figure 3. Formation and decomposition
of ammonia (5 X 10-5 M).

Figure 4. Rate of formation of ammonia as a function of light
intensity (5 X 10-6 M): O, 5 min; m, 10 min;
D, 15 min; <, 20 min.

tion vessel. pH vs. time.is a smooth curve with no
reaks In between.  This is true for all the concentra-
tions studied. However, the reaction is strongly
affected by impurities such as carbon dioxide. Bon-

(5) P. Kelly and M. Smith. J. Chem. Soc.t 1497 (1961).

(6) M. Pesez and A. Petit, Bull. Soc. Chim. France, 122 (1947).
(7) J. M. Bremner, Analyst, 79, 198 (1954).

(8) M. Blais, Microchem. J., 7, 464 (1963).
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Figure 5. Photolysis of aqueous BaNe solutions (5 X 10~2M
degassed in N2atmosphere): (a) azide depletion vs. time of
irradiation; (b) gas evolution vs. time of irradiation; (e)
increase in pH vs. time of irradiation; (d) ammonia
formation vs. time of irradiation.

Figure 6. Photolysis of aqueous BaN6solutions (5 X 10~2M
degassed in N2atmosphere): (a) azide depletion vs. light
intensity; (b) gas evolution vs. light intensity; (c)

ammonia formation vs. light intensity.

rrl1 3WQO reports that the reaction is heterogeneo
medium concentratron ranére does not secr%y
Whether his solutions were degassed or not. ~ His resulfs
can be understood, if he worked with nondegassed or
|mpro?erly degassed solutions.  Bonnemay3 also_ re-
Borts hat ther® Is an induction period in the reaction
ut no indugtion Perrod was observed in the present
experiments If the lamp was warmed up properly. The
present results indicate that if one photolyzes an
aqueous solution of barium azide under proper” experi-
mental condrtrons (thorough degassrno and proper
Warmrn% ;)o the lamp) and uses only Tight of wave-
length 2537 A, the pH i mcreases steadily until it attains

a constant value. However, if the |rrad|at|on source
contains light of wavelength 1849 A, the pH decreases
steadrly er reaching the constant value, as shown in
Fiqure2
mmonia is found to absorb in the re lon of 2100 A

849 A (P hoto-
Kzes H3very effrcrenty and this explarns the drop In
H shown in Figure
Fr ure 3 shows how the concentration_of NH3 is
controIIedb “?ht of wavelength 1849 A - The time at
which the lﬁ arts d ecreasrn? hFrgure 2) and the time
at whrch H3 concentration Talls Off (Figure 3) agree
very well, sug esting that the drop in pH'is caused b
the P hotodecomposition of NH3 One also sees (Figure
hat if light of wavelength 2537 A is used as a photo-
Iyzrn? source the rate of formation of NH31s propor-
tional to the intensity of the light. In the concentra-
tion range of 10-5m the method used does not give a
quantitative estimation of the total ?as evolved, but
estimates are_given for other concentrations (Figures
5and 6). The fact that the NH3 concentration is
Progortrona to the mtensrtjy could be exglarned by the
ollowing reactions proposed by Shinohara, et a1.4

N,-+ HD — N3+ H+ OH- (2)

H+ 2N3 + 2HD —> NH3+ 25N2+ 20H- (9
2N3—) 3N2 )

The mechanism reguires_that N2:NH3ratio to he 4:1.
However, the results in Table 1 (N2atmosphere) indi-
cate that the N2:NH3 ratio Is roughly 1:1. Further,
there seems to be a quantitative agreement between the
azide depleted and the products formed. When the
experiment IS done in an atmosphere of helium (Table
1), the abso ute Xrelds are lower, and the ratio of
NZNH3is still not

The present resuIts therefore necessrtate a mech
anism in which NN 3rat|o |s 1:1 and the Pro ducts
are directly proportional to the mtensrty of the light
source.  A'tentative speculation would be

Nr+3HDA n8+ NH3+ OH” + HD2 (4)

the hydrogen peroxide subsequently reacting in accor-
dance with the mechanism proposed by Shinohara,

etal

3HD2+ No-— NO3 + N2+ 3HD  (5)

In summary, then, when an agueous solution of
barium azide IS Irradiated with light from a low-pressure
mercury lamp, In an atmospheré of nitrogen or helium
&as the proalicts of decomPosrtron consist of OH-, NH3

2 and NO3. In view of the fact that Gley2did not
Iy his experrmenta conditions, it is difficult to
ex lain Wh efound Iar% quantrtres ofh drazine and
hy roxylarhing; further, he immersed the famp into the
alueous squtron of the azide.  This could mean that

It IS possible thaf Irght of wavelength

SPeEc

Volume 72, Number 3 March 1968



778

(1) allthe Iigh(tzs)f wavelength 1849°A'is absorbed by the

solution, an a significant amount of heat Is gen-
erated by the Tamp. “We have also shown why Bon-

V. R. Pai Yernekbr and L. Avrami

nemay3 found that the photolytic reaction is homo-
geneous in certain concentrations while it is hetero-
(leneous in other concentrations.

Study of the Explosive Behavior of Barium Azide

by V. R. Pai Vernekerland L. Avrami

Explosives Laboratory, Picatinny Arsenal, Dover, New Jersey (Received August 17, 1967)

A study has been made of the factors which affect sensitivity of barium azide.

The data show that (1) sensi-

tivity increases with surface area; (2) solvents used in the preparation affect the sensitivity; (3) aging of the
material initially brings about a desensitization, which is then followed by sensitization to the original level;
(4) barium metal, either added physically or produced thermally, in concentrations up to 0.1 mol %, causes

sensitization; and (5) impurities such as Na+ or [Fe(NJ3]2+ sensitize barium azide.

It has also been shown

that different crystal structures can be obtained, depending on the method of preparation.

Introduction

A great deal of work has been done on the slow
processes occurring in the photochemical and thermal
decomposition of " barium" azide.2-9 It is possible,
however, to observe inconsistencies in the _Rubhshed
results. ~ For instance, Thomas and TomgkL s2 found
that the rate of thermal decomposition of barium azide
decreased somewhat with the passage of time after its
synthesis. ~ Yerofeyev and Sviridov8later repeated this
experiment and found no deceleration but, on the
contrary, observed an acceleration. - The temperature
at which barium azige e>§plodes has been reported to be
2172210225 and 152°.0 ,

,Accordlng to Ficheroule and. Kovache,B, barium
azide explodes. 14% of the time with a 2-kg welght at a
height of 40 in. In the impact_tests conducted on
BaNe at Picatinny with a 2-kg weight from a height of
9 in., we have observed two lifferent types of résults,
One grouP of results clearly indicates 4 50% value at
91n., while thﬁ other group shows a maximum of 5% at
the same helﬁ t _

Most of the workers who have reported on barium
azide have not specified the conditions under which
the tests were conducted. = These, very likely, _can
affect the explosive aEroper‘ues of the material, This
paper 1S presented as a broad exploration of chemical
events that are implicit in characterizing or modlf#nlg
explosive sensitivity, Much of the quantitative effo
remains to be done, but the results so Tar are interestin
enough to be presented for comment. The obr|e_ct 0
the present work is to stu%y how these properties of
barium azide are influenced b Slf) Rar‘ucle size, (2)
method of preparation, (3) age of the material, i ..

The Journod of Physical Chemistry

time elapsed between preparation and sensitivity test-
g, .(4) additives, ... physical mixtures, (5) prior
partial thermal decomposition, and (6) Impurities.

Experimental Section

Preparation of Material.  BariUM azide was prepared
by passing hydrazoic acid tgas from a generator into
an aqueous solution of spectral grade harium carbonate
until"the solution was free of carbonate. The pH was
maintained between 3and 4. Azide crystals were then
obtained from this solution by one df the followin
methods,  (a) The solution was allowed to evaporate
Inair, . Crystals were removed and half of this amount
was dried 1n air.  This will be referred to in the text as

(1) Address correspondence to this author at the Research Institute
for Advanced Studies, Baltimore, Md. 21227.

) J.G. N. Thomas and F. C. Tompkins, Proc. Roy. Soc. (London),
A209, 550 (1951).

(3) P. W. M. Jacobs, F. C. Tompkins, and D. A. Young, Discussions
Faraday Soc., 28, 234 (1959).

(4) S. K. Deb, Trans. Faraday Soc., 59, 1423 (1963).

(5) P. W. M. Jacobs, F. C. Tompkins, and V. R. Pai Verneker,
J. Phys. Chem., 66, 1113 (1962).

(6) P. W. M. Jacobs, J. Sheppard, and F. C. Tompkins, Inter-
national Symposium on Reactivity of Solids, Germany, 1964.

(7) F. E. Harvey, Trans. Faraday Soc., 29, 653 (1933).

(8) B. V. Yerofeyev and V. V. Sviridov, Inst. Khim. An BSSR.
Nauchn. Robot., 5, 113 (1956).

(9) W. E. Garner and J. Maggs, Proc. Roy. Soc. (London), Al172,
299 (1939).

(10) T. Curtius and J. Risson, J. Prakt. Chem., 58, 261 (1898);
J. Chem. Soc., 76 11, 91 (1899).

(11) A. R. Hitch, 3. Amer. Chem. Soc., 40, 1195 (1918).

(12) L. Wohler and F. Martin, Z. Angew. Chem., 30, 33 (1917).
(13) H. Ficheroule and A. Kovache, Mol. Phys., 33, 7 (1951).
(14) B. Reitzner and R. P. Manno, Nature, 198, 991 (1963).
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preparation 1. The other half was dried in a vacuum
desiccator over P26 (preparation 2). (b) Acetone
was added to the solution until all of the solid precipi-
tated. This precipitate was then dried in air (prepa-
ration 3). (c) Ethyl alcohol was used as a precipi-
tating agent and the precipitate dried in air (prepara-
tion 4). (d) Methyl alcohol was used as a precipi-
tating agent and the crystals formed were dried in air
(preparation 5). (e) A solution was saturated by
evaporation at 95° and then cooled to 65°. Crystals
thus obtained were separated and dried in air (prepa-
ration 6).

These different preparations were analyzed for
barium and nitrogen content.’5 The results, given in
Table I, are within +1.0%. Crystal structures were
not determined, but X-ray powder diffractograms were
obtained, using the same particle size, to demonstrate
identity of crystal structure (Table I11). Impurity
determinations were made by emission spectroscopy.
Results, which are accurate to +50%, are listed in
Table I11. All the tests were done on materials having
the same particle size, which was obtained by passing
the samples through nylon sieves of known diameter.
Because of the aging effect, which is dealt with in the
Results section of this paper, many of the comparative
tests had to be completed within a day or so. For this
reason, it has not been possible to do all the tests
involving all the methods at the same time.

Table I:  Analysis of Barium Azide
Formula Ba. % N2 %
BaNG6 (theoret) 61.98 38.01
BaN6-HD (theoret) 57.32 35.15
Prepara-
tion no. Ba, % Ni, %
| 57.60 35.40
2 62.37 38.02
3 62.60 37.70
4 62.10 38.15
5 62.20 37.60
6 62.30 37.80

Normally, in the tests that were conducted, barium
azide was prepared by adding ethyl alcohol to an
aqueous solution of barium azide. The exception was
in the study of the influence of the method of prepara-
tion on the sensitivity. Since the accuracy of chemical
analysis was + 1.0%, it is possible that the ethanol may
have been incorporated in the azide. However, even
if this were the case, it would be common to all samples.
Whenever the samples were not used, they were stored
in a desiccator in the dark. To study the aging effect
at different temperatures, the samples were placed in
evacuated glass vessels and then one set was main-

19

tained at liquid nitrogen temperature, another set at
—25°, and still another at +55°. These temperatures
were selected arbitrarily.

For doping purposes, the dopant was added to the
aqueous solution of barium azide, which was then pre-
cipitated by the addition of ethanol. Two dopants
were used. (1) The starting solution contained
1 mol % NaN3 The amount of sodium which was
incorporated into the crystals and the manner of in-
corporation were not determined. (2) The starting
solution contained ferric azide in desired concentration
and the uptake of iron was determined by using Fe®
tracer. Ferric azide was prepared by dissolving
spectral grade iron in an aqueous solution of HN3
From earlier work by Pai Verneker, et al. (which is
being communicated to the Journal of Physical Chem-
istry), it was determined that iron is carried by barium
azide via anomalous mixed crystal formation, i.e.,
[FeN3]2+ is homogeneously distributed within the
crystal. All the solvents used in this work were of
spectral grade.

To study the influence of additives on sensitivity,
barium metal (99.5% as obtained from K & Iv Labora-
tories, Plainview, N. Y.) was ground in air and passed
through nylon sieves. A particle size was selected and
mixed with barium azide of the same particle size by
shaking it mechanically for 6 hr.

To study the effect of prior thermal decomposition on
sensitivity, a 50-mg sample (of a specific particle size)
was decomposed thermally (temperature, 110°) in a
conventional vacuum system. An alphatron gauge
served to measure the pressure of nitrogen gas evolved
(a liquid nitrogen trap was included in the system to
collect any condensibles).  After the desired degree
of decomposition was obtained, a part of the decom-
posed solid was dissolved in water to test for ammonia,
to determine if any nitride was formed. No significant
amount of ammonia was detected (colorimetrically).
Since the volume of the vacuum system was known, the
extent of decomposition could be calculated from the
quantity of nitrogen gas evolved.

Methods for Measuring the Sensitivity. Altogether,
five techniques were used as an index of sensitivity:
(1) impact sensitivity test, (2) explosion temperature
test, (3) friction sensitivity test, (4) differential thermal
analysis (DTA), and (5) thermal decomposition.
The choice of a particular technique for a particular
experiment was mostly determined by the length of
time which could be spent on that experiment. Of
the five, impact and explosion temperature tests were
used most often.

Impact Sensitivity Test. In measuring the sensitivity
of explosives to impact, the Picatinny Arsenal impact
machineBwas used. Although a full impact sensitivity
curve was desirable,I7 this was not possible, since many

(15) M. Blais, Microchem. J., 7, 4 (1963).
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Table I1: Prominent 29 Angles in X-Ray Powder Diffractograms of Different Preparations of BaN6(in Arbitrary Values of Intensity)
Reflection Prep 2 Prep 3 Prep 4 Prep 5
angle Prep 1 (desiccator (acetone (ethanol (methanol Prep 6
(air dried) dried) solution) solution) solution) (95-65°)
16.4 2
17.4 1.5 6.5 3
18.6 6.5 4 10 6 13 86
20.2 1 4.5 1
22.1 10.5 8 13 8.5 25.5 8
26.0 15 2 3.5 2 5.5 2.5
27.0 1
28.1 2 15 3 15 4 57
28.7 1 1 5 2
30.2 0.5 55 7.5
33.0 15 1.5 2.5 2 5 25
34.8 5 3.5 8 4.5 7.5 5
39.2 2 2 4 3 4 2
40.8 2.5 2.5 3.5 25 7 25
441 2 0.5
45.3 1 1 1 4 15
57.9 0.5 15 14
Table I1l:  Spectrographic Analysis“'1of BaN6Samples, ppm Weight
Impurity Prep 1 Prep 2 Prep 3 Prep 4 Prep 5 Prep 6
Pb 20 20 20 30 30 20
Ca 5 5 20 20 20 20
Al <10 (N) <10 (T) 20 15 20 10
Cr 10 10 5 10 10 10
Cu 10 5 1000 5 10 10
Fe 70 30 50 20 20 20
Mg 5 5 5 5 5 5
Si 30 40 200 30 200 120
Ni <5 (N) <5 (N) 5 <5 (T) 5 5
Ag <1 (N) <1 (N) <1 (T) <1 (T) <1 (T) <1 (T)
Sn <1 (N) <1(N) 5 <1(N) 5 5
Mn <1 (N) <1 (N) <1 (T) <1(T) <1 (T) <1 (T)

 Only elements found are listed in the table.
Battelle Memorial Institute.

of the comparative tests had to be completed within a
day or so. Therefore, the number of heights per
specified sample was limited to three.

Explosion Temperature Test. The apparatus used
for this test has been described previously.16 Instead
of determining the 5-sec point, an arbitrary temperature
was selected and five samples were tested at that point.
The average of the five samples was used as the time to
explode at that point.

Friction Sensitivity Test. The friction sensitivity
apparatus used was a modified version of the experi-
mental type developed at the Explosives Research and
Development Establishment (ERDE) at Waltham
Abbey, England. An empirical estimate of friction
sensitivity difference was attempted by subjecting the
material to the forces involved when a free-swinging
pendulum dropped from a selected height strikes the
upper block of a clamped assembly, consisting of two

The Journal of Physical Chemistry

Alkali metals were sought and none were found above blank. Analysis performed
6(T) = trace; (N) = not traced.

blocks coated with abrasive between which the azide
is placed. The percentage fire value was determined
from the results of ten tests performed at each specific.
height.

Differential Thermal Analysis (DTA). DTA mea-
sures the difference in temperature between a sample
and an inert reference when both are heated at a uni-
form rate, thus indicating the physical or chemical
changes that occur within the sample. The equipment
used was a DuPont 900 differential thermal analyzer.

Gas Evolution via Thermal Decomposition. In this
phase of the investigation, a 50-mg sample was placed
in a glass container, which was in turn connected to a
conventional Vacuum system. The sample was heated

(16) A. J. Clear, Standard Laboratory Procedures for Sensitivity,
Brisance and Stability of Explosives, Picatinny Arsenal Technical
Report FRL-TR-25, Dover, N. J., Jan 1961.

(17) P. W. Levy, Nature, 182, 37 (1958).
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by immersion in an oil bath which had been preheated
to within a tenth of a degree of the desired temperature.
An alphatron gauge connected to the system measured
the pressure of any gas that evolved. The materials
were subjected to 120° for 0.5 hr (selected arbitrarily)
and the amount of gas evolved during this period was
used as an index of sensitivity.

Results and Discussion

Figures 1 and 2 present data showing the effect of
surface area on the sensitivity of barium azide. The
surface area was calculated by considering the particles
of barium azide as spheres, and the particle sizes were
selected by screening the azide through different nylon
sieves. Figure 1shows the data obtained in the impact
sensitivity test and Figure 2 presents the data obtained
by the explosion temperature method. In both cases,
we see that sensitivity increases with surface area.
In his work on the thermal decomposition of lead azide,
Jach8 reports that the activation energy needed for
the surface reaction is much less than that needed for
the bulk reaction. This means that, for PbNeg an
increase in surface area results in a decreased total
reaction time. The results indicate the same behavior
for barium azide.

The data on the X-ray powder diffractograms of
barium azide prepared by the different methods appear
in Table Il. By examining the intensities of the Bragg
reflections at various reflection angles, one can conclude
that preparations 1, 2, and 3 have one crystal structure
(called A) and preparations 4, 5, and 6 have a second
crystal structure (called B).

Data on the sensitivity of the different preparations
measured by the impact test, friction test, and explosion
temperature appear in Figure 3. Of the preparations
having crystal structure A, barium azide with the water
of crystallization is the least sensitive, the azide precipi-
tated from acetone is second in sensitivity, and the
maximum sensitivity is shown by the azide which has
lost its water of crystallization. Table 111 shows that
the impurity contents of preparations 1, 2, and 3 are
of the same magnitude, except that preparation 3 has
200 ppm of Si and 1000 ppm of Cu. If impurities
influence the sensitivity, then preparation 3 should
have either the maximum or the minimum sensitivity
compared to preparations 1 and 2. However, it is
between 1and 2. This does not rule out the fact that
impurities affect the sensitivity, but it signifies that
there may be other factors which have a greater in-
fluence.

Of the preparations having crystal structure B,
preparation 5 was the least sensitive. Preparations
4 and 6 have the same sensitivity as tested by friction
and impact machines, but the explosion temperature test
suggests that preparation 6 was more sensitive than
preparation 4. Table Ill shows that preparations 4,
5, and 6 all have an impurity content of the same order
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Figure 1 Impact sensitivity (2-kg drop weight)
ts surface area of barium azide. Each value is
the result of 20 tests at each height.

Figure 2. Time for BaNi to explode at
indicated temperatures vs. surface area.

CRYSTAL STRUCTURE CRYSTAL STRUCTURE
A B

Figure 3. Sensitivity of BaN6as a function of the
method of preparation: X, 1/r for 290°; 0O, friction
sensitivity; O, impact sensitivity (2-kg drop weight)
at 15 in. (20 tests at each point); s—or — points

to vertical coordinate to which curve is relevant.

of magnitude except that preparations 5 and 6 have
200 and 120 ppm of Si, respectively. Preparation 4,
on the other hand, has only 30 ppm of Si. This again
shows that there may be factors other than the presence
of impurities which have a more pronounced influence
on sensitivity. Since all other factors, such as age,
particle size, and storage conditions, were controlled,
it seems probable that solvents used for crystallizing
the azide play a role in determining the sensitivity of
the material.

How the impact sensitivity of barium azide is in-
fluenced by the age of the material (time passed since
its synthesis) is shown in Figure 4. The general trend
seems to suggest that a desensitization process occurred

(18) J. Jach, Trans. Faraday Soc., 59, 947 (1963).
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Figure 4. Aging effect of BaNGstored
at different temperatures.

during the first 14 days, after which a sensitization
process occurred. The data seem to suggest that the
desensitization process is slowed down By storing the
samples at low temperatures. o

In Figure 5 data are presented indicating how the
thermal” sensitivity (explosion temperaturei was in-
fluenced by the addition of bariummetal. ~ The particle
size of thé barium metal added was, the same s that
of the barium azide. . The results indicate that when up
to about 0.1% of barium metal Is acded, the sensitivity
Increases; however, on further addition, the sensitivity
decreases. It is nat_ clear whz 10 w barium metal
should cause desensitization. Large amounts, ¢f metal
may react with the azide to form the nitride. It
should_be pointed out here that in all experiments
where BaNowas decomposed by impact testing or ther-
mal means, .the end product “contained a significant
amount of nitride, »

The influence, of prior thermal decomposition at 110°
on the sensitivity as determined by the impact and
explosion temperature tests is shown in Figure 6.
Inttially, there 15 a very significant sensitization, but
when barium_ azide is, thermally decomposed beyond
1%O a desensitization is evident” At low temperature
110°), thermal decomposition leads to the meeal and
Itragen and no significant amount of nitride isformed.D
Analogously, this experiment was similar to the previ-
ous.orie wiere a physical mixture of barium metal and
barium azide was used. The graph does indicate that
the qreatest increase In sensitivity occurs at approx-
matély the same gercentage of thermally (lecomposed
barium azide in both the impact and explosion temper-
ature, tests. The sensitization observed In the' re-
activity. of barium azide either thermally decomposed
or ph){)SIC&l ly mixed with barium metal bears g distinct
reseniolance to the thermal, decomposition of barium
azw‘e, Where dgrmﬁ_ the |r]duct|on IJoerlod metal“c
nucler are formed which catalyze the, reaction, usually
known as_the autocatal}/tlc reaction (acceleratory
region).  The metal particles act as electron traps and
this increase the number of reactln(t; azide radicals.
DeD, et 1.2 have demonstrated that this can actually
lead to a sensitized explosion. However, when pro-
duced in a large concentration, the metal, by virtue of
Its high specific heat, can act as a heat sink and inhibit
the exploSive decomposition.
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Figure 5. The effect of the addition of barium metal
on the explosion times at indicated temperatures.

Figure 6. Sensitivity of BaN6partially thermally
decomposed at 110°. Each impact test value is the
result of 20 tests at the specified height.

The effect on impact sensitivity of doping barium
azide with sodium as a function of aging s Shown in
Figure 7. The quantitative concentration of sodium
In"the crystals was not determined, but the reaction
solution contained Zmol % NaN3  The curves in Figure
[ Indicate that for. spectral r(%rade undoped barium
azide, the. desensitizing phase has been completed and
the sensitization procéss has started. _In the sodium-
doped barium azide, the desensitization wag still in
Process of Iengthened and the over-all sepsitivity of
he doped material was v_erg much higher than that of
the u doR_ed barium azidé. The Impact sensitivity
tests for this phase of the work were conducted at room
temperature.”  One tentative explanation is that doping
a divalent cationic compound with a monovalent cat-
lonic jon should produce vacancies in the crystal. One
would then susr?ect that enhancing the vacancy con-
centration would enhance the impact sensitiyity.2

An effort was made to show quantitatively how
barium azide doped with iron in the form of a com-

(19) W. E. Garner, “Chemistry of the Solid State,” Butterworth and
Co. Ltd., London, 1955, p 238.

(20) V. R. Pai Verneker and M. Blais, unpublished data.

(21) S. K. Deb, B. L. Evans, and A. D. Yoffe, 8th International
Symposium on Combustion, 1962, p 829.

(22) P. F. Gray, T. C. Waddington, Chem. Ind., 1255 (1955).
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Figure 7. Effect of doping BaN6with
Na+impurity on the impact sensitivity.

0 v o

Figure 8. Effects on DTA exotherm;
explosion time at 250° and gas evolution at
120° of doping BaN6with [FeNJ2+.

Blex &Fe(N3]2+ is sensitized.. The plots (Figure 8a
b, and c) show that the sensitjzation effect Is observed
In a_slow thermal_decomposition as well as a fast ex-
Ploswe process.  The amount of doping s small and
he maximum sensitization occurs wheni the doping Is
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of the order of 0.1 mol .. Beyond that a densitization
0es into effect. A Possmle éxplanation may be that

e sensitization results not because ferric azide Is more
explosive than barium azide but 15 due rather to an
acceptor level introduced by [Fe(N3]2+ in the band
gmture of barium azide. This, seems very probable
ecause barium azide doped with [FeN3)2+ starts to
absorb at 680 mu  Paj Verneker and ForsythZ have
shown a similar” sensitization in a-PbN6 doped with
FeN3[2+ and a desensitization in a-PbNe doped with
23+, ~ Doping with Fe3+ does not change the absorp-
tion edPe of a-PbNe, whereas doping with [FeN3J2+
does. [n short, it s a solid-state “process that™ is
responsible for the sensitization. _

[n summary, we have_shown that the followin
garam_et_ers affect the sensitivity of barium azice.
ensitivity increases with the surface area.
Solvents Which may get incorporated into the crystal
affect the SGHSIt_I\lII){ of harium azide, d@ Aging, of
the material Initiafly brings about a desensitization
followed by sensitization. “(4) Barium metal, either
added physically or produced thermally up to 0.1 mol %,
brings about sénsitization.  (5)  Impurities like Na+
or FB(N3 2+ sensitize barium azide,

\We haye also shown that, depending on the method of
%reparatlo_n, two types of crystal structure are obtained.
n-analysis of the products of explosive decomposition
caused by heat or impact, we have found a very signifi-
cant amount of barium nitricle.

(23) V. R. Pai Verneker and A. C. Forsyth, J. Phys. Chem., 72, 111
(1968).
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aTrhriP Juuﬁ rat of reactron of Z
0

Introduction

It has been shown, that the hydrated electrons pro-
duced in the radiolysis of water reduce divalent transi-
tion metal cations:3 The monovalent cations formed
are unstable in aqueous solutions and it has heen sug-
gested that they |sappear b% dis |Vprop/rl)rtronatlon 46

The redox potentials for t e + couples have
been estrmated6suggest|ng that_Zn+, Cd+, and Ni+
shouldl be powerful Teductants. The rates of reaction
of some of these monovalent cations with permanga-
nate,7 oxygen,8 divalent lead ions8 nitrous oxi e9

and hydroden peroxioed have been measured,
also been Shown that they dehalogenate certain halo
aliphatic compounds. D

he absorption s ectra of the monovalent cations
have been_measured, 46112 and 1t was found that the
spectra of Zn+, Cd+, and Ni+ have maxima in the same
regron These ahsorption hands have been tentatively
attributed to achar%e transfer to solvent 61 However,
Brown and Dainton? suggest that in the case of Cd+
the. absorption band originates from a 5z s, or 1/ <«
o4/, transitin,

The am of the. present work has been to_obtain a
better understandrng of the chemical properties of the
monovalent transition metal cations In agueous solu-
tions by a systematic study of the kinetics of reduction

R}‘Hdrfferent Inorganic substrates by Zn+, Cd+, and

Experimental Section

Al solutlons Were p epared from tr| Y distilled
water and Alt reagen |thout further_treatment.
Solutions of 2 X 10-2 MS04 (M = Zn2+, Ca+,
or Niz#) and 1 X 10- 3 methanol (added I order to
scaven%/I e the hgdroxyl radrcals thus Inhibiting the re-
action OH- and decreasing the
amount of HZ) 2formed by the pulse) have been used in
all experiments unIess othérwise stated, = To these solu-
tions, different oxidants have been added in the con-
centration ran eof 3 X 106 t0 10-2m. The actual
concentration sed epende on the reactivity of M

and ear with the oxidants. The  solutions were
deaerated by shaking with argon gas in a syringe and
then expelling the gas.  This proCedure wds repeated

The Journal of Physical Chemistry
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four times leaving a residual concentration of oxygzen
smaller than 3 X 10~7m. Nitrous oxide, saturated
solutions were prepared by the same_technique using
pure nrtrous oxide (Mat eson? which was further
purified by passing |t successively, through threg traps
containing basic Solutions of pyrogallol”and, finally,
through ) trap contarnrng triply distflled water.
use radio g/trc EXperiments were carried out

usrn? a04 isec, 15-MeV eectron pu s¢ from a linear
accelerator, yielding a dose of 08-6 X 108 eV [.°1
pulse-L. Under the experimental condltrons all OH
radicals formed by the pulse reacted with methanol,
whereas the hydrated electrons reacted with M2+ to
Hrve M+ (In some experrments a fraction of the
ydrated electrons reacted with the oxidant; this
fraction was always smaller than 30%.) The decay of
M+ was followed spectrophotometrically at 313 A
using a multiple-reflection ceII Wrtha4cm o optical
cell giving a 16-cm total |?ht path. xenon
lamp” was' used as an analyzin |fq t source an a
Bausch and Lomb monochromator followed by a 1
P hotomultiplier and a Type-555 Tetronix oscrlloscope
tted Wlth a Polaroid camera were used for recording
the absorption changes In the solution.

In order to elimiriate photochemistry of the solutes
which might be induced by the analyzing light, a Corn-

(1) Based on work performed under the auspices of the U. S. Atomic
Energy Commission.

(2) Nuclear Research Center, Negev, Israel.
(3) J. H. Baxendale and R. S. Dixon, Proc. Chem. Soc., 148 (1963).
(4) G. E. Adams, J. H. Baxendale, and J. W. Boag, ibid., 241 (1963).

(5) J. H. Baxendale, E. M. Fielden, and J. P. Keene, Proc. Roy.
Soc. (London), A286, 320 (1965).

(6) J. H. Baxendale and R. S Dixon, Z. Physik. Chem. (Frankfurt),
43, 161 (1964).

(7) J. H. Baxendale, J. P. Keene, and D. A. Stott in “Pulse Radi-
olysis,”” Academic Press Inc., London, 1965, p 107.

(8) J. H. Baxendale, J. P. Keene, and D. A. Stott, Chem. Comman.,
715 (1966).

(9) G. V. Buxton, F. S. Dainton, and G. Thielens, ibid., 201 (1967).
(10) M. Anbar and P. Neta, J. Chem. Soc., A, 841 (1967).

(11) T. Feldmann, A. Treinin, and V. Volterra, J. Chem. Phys., 42,
3366 (1965).

(12) D. M. Brown and F. S. Dainton, Trans. Faraday Soc., 62, 1139
(1966).

(13) J. Rabani, W. A. Mulac, and M. S. Matheson, J. Phys. Chem.,
69, 53 (1965).
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m(tq 0-53 filter absorbing the light below 300 m* was
Infroduced between the xenon lamp and the cell
Furthermore, a mechanical shutter was kept closed
until shortly before the pulse. _

The calcUlations were carried out using Chloe, an
automatic .photoelectronic scanner . for ‘reading the
Polaroid pictures and transferring the data to a'mag-
netic tape which was then used In"a computer program
for the' analysis of the Kineticss All traces Were
analyzed for first- and second-order decay, and pseydo-
first-orcer rates were calculated when”a (t;ood first-
order decay plot, was obtained for at least three half-
lives.. A correction for the decay of M+ in the absence
of oxidants was Included when needed; this correction
was always smaller than 15%. For every rate con-
stant, at least ten traces were analyzed, Which were
obtained by pulse radiolyzing ten Sample solutions,
Prepared by using at Jeast two dlifferent stock solutions

0 dilute to several different concentrations. The
maximum standard deviation In the results is 15%.
. The steady-state radiolytic. yield of I from agueous
lodide solutions containing different concentrations of
MSO. salts and saturated with N2 haye also been
measured.  The irradiations viere carried out with a
@Co source, and all experimental details are identical
with those described elsewhere s

Results and Discussion
The radiolysis of water may be described by eq 1

HD — ) eat, H, OH, H2 HA2 HOa+ (1)
the yields of the products being (% = 2., coh =
26, (M = 06, (H = 045 déﬁap!: 0.75. In

YAt My \e - L TV n
so?utlons containing MSO. saf?ts methanol, the
following reactions are expected

eaf + M2t M+t V)
OH+ CHOH—>CHDH+ HD (3
H+ CH:OH—) CHDH + H. @

CHOH + CHDH —> HOCHLCHDH  (5)
M+ + M+—> M2+ M (6)
Mt + HO.—) M2+ OH+ OH-  (7)

It has been shownes that for zinc, nickel, and cad-
mium Jons, CHAH radicals do not react with M2+ or
M+, The rate of reaction 7 is high for the cases of Zn+
and Cd+ gsee Table 1), When oXidants goxg are added
In concentrations low enough to avoid reagtion &, one
can study the rate of reaction 9 by following the dis-
appeararice of M+,

eat + OX —>0x" (s)
M+ + 0x— > M2+ 0x- 9

The.mechanism of the disagpearanc_e of Znt, Ca+,
and Ni+, In the absence of additive oxidants, has been

investigated. In all three cases, this mechanism i
not governed by a pure second-order. law, as would
be expected from the disproportionation mechanism
eq ... In the case of the Zn+ and Cd+, additional
contributions to their decay are expected due to their
reactions (7% (at diffusion‘controlled rates) with the
“molecular ydrogen eroxide” formed by the. pulse.
As the amount of hydrogen peroxide formed is pro-
portional to the Pulse Intensity, its effect on the rate of
disappearance of M+ 1s also proportional to the pulse
intensity, glvmﬁ the impression of a second-order rate
of reaction.The rate of decay.of Zn+ s also de?endent
on the ZnS0. concentration,”increasing with the salt
congentration as expected for a reaction between two
positively charged ions. (This effect was not investi-
ated for Cd+ and Niff) " The mechanism.of the dis-
ppearance of Ni+ seems to be more complicated than
those for Zn+ and Cdff _ _

The decays of Zn+, Cd+, and Ni+ under our experi-
mental conditions (concentrations of 0.2-1.0 rimy are
relatively slow, having half-lives longer than so0 4
It 15 possible by the addition of different oxidants, to
shorten these half-lives to 2o /isec and less, thus enabllngr
the determination of the specific reaction rates of M
with these oxidants. _ ,

_The specific rates of reaction of Zn+, Cd+, and Ni+
with different inorganic substrates are summarized. in
Table 1. The corresponding rates of reaction with
hyarated electrons and hydrogen atoms are included
for comparison. In addition™ to these valugs, the
following upper limits for the rate constants of reduc-
tion bf Zn+ have been determined; iz +odt <
1 X 10 Af.sec-1: zns+nidt< 5 X 106 ilf-
sec-1; fznt+Got< 3 X 106il1-1 sec-1, and fezw +Co3
<3 X 10em-18ec-1,

It should be mentioned that all the rate constants
measured are for solutions containing 2 X 10.. m of
M+S04-, having, therefore, an ioniic strength, i, of
0.08 (neglectmg the fact that some of the MS0a s not
fully “dissociated). The effect of changing the salt
concentration b&changlng]the concentration of ZnS(.
or b}/_ addln% aCl04 0n the rate of the Zn+ + N0
reaction IS Shown In |%ure 1, wherein Io? « IS plotted

ainst V/ (t1+ 1.33 /n2 mwas calculated neglecti
the fact that part of tq nS0. 15 not dissociated).
The best straignt line calculated using the |east-mean-
squares technigue has a slope of —L04.  This slope is
In a8reement with the theoretically required slope of
—1.02 for much more dilute solutions. ~ The value of

(14) The Chloe system was developed at the Argonne National
Laboratory Applied Mathematics Division by an engineering group
led by Donald Hodges. A detailed description of this machine Is
given by Donald Hodges, Technical Memorandum No. 61, Applied
Mathematics Division, Argonne National Laboratory, Argonne,
111, Nov 1963.

(15) M. C. Sauer, ANL-7146 Report, Argonne, 111, 1966.

(16) M. Anbar, D. Meyerstein, and P. Neta, J. Phys. Chem, 68,
2967 (1964).
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Table I Specific Rates of Reaction of Monovalent Transition Metal Cations*
Aditie At Qi N+ €Y H
02 24 X 109 2.4 X 109 1.4 X 109 1.88 X 10D 26 X 10¢
(3.3 X 1096 (3.3 X 1096 (2.2 X 1096
nd ~1.3 X 107 ~2.0 X 106 ~6.3 X 106 5.6 X 10s 1.2 X 104
(1 X 1094 (5.1 X 107d
hd2 1.80 X 109 1.55 X 109 43 X 107 1.23 X 10“ 16 X 108
(2.8 X 109d (2.1 X 109d
no3 21 X 109 35 X 10s SCl4 X 108 1.1 X 10¢ 1.7 X 107
no2 22 X 109 2.0 X 109 1.50 X 10s 46 X 109 6.0 X 108
F Q> 21 X 109 1.25 X 108 SC84 X 106/ 21 X 109 1.95 X 107
(5, 3.6 X 109 2.3 X 109 22 X 108 7.7 X 10s 59 X 107
Cu2+ 25 X 108 1.2 X 108 SC24 X 107 3.3 X 10¢ 6.0 X 108
HD + :C106 006 <o 23 X 10°
“In units of M~Isec-1. Al solutions contained 0.02 M MSO4 1 X 10-3 M CH3DH, plus the additive in different concentrations.

The maximum standard deviation is 15%.

The values in parentheses are from the literature.
atoms are taken from tabulation by M. Anbar and P. Ne:a, Intern. J. Appl. Radiation Isotopes, 16, 227 (1965).

The rate constants for eaJ and H
6Fromref 10. cThese

solutions contained 1.0 M MS04 The concentration of N was calculated from the solubility of N2, assuming that it is equivalent

to that of 1.0 M MgSCh solutions; taken from A. E. Markham and K. A. Kobe, J. Am. Chem. Soc., 63, 449 (1941).

As only saturated

solutions were used and no check on linearity with concentration has been carried out, the rates are given only as upper limits. dFrom

ref 9. * M. Anbar and P. Neta, unpublished results.
order plots were obtained.
centration range 2.5-5 X 10“3M.

Figure 1 Salt effects on the rate of reaction of Zn+

with NO2 (all solutions contained 1 X 10-4 M NaNO02

1 X 10-3 M CHsOH): O, different ZnS04concentrations;

0, 5 X 10-3 M ZnSCh plus different concentrations of NaCICh.

13 has been derived assumln% a radius of encounter
of 4 A (Itis assumed that Zn+ is hydrated and has,
therefore a_radius srmrlar to that” of Zn(HD)62+,
which 1S approxrmate g/ The radius of NOX
IS about 1 hanging the value used for the
radius of Z only a mrnor effect on the Slope.

It can therefore be concluded that the charge of n+
i5 really plus unity, as has been assumed. I order to
obtain the rates of reaction of M+ with the different
anions at i = 0 the respective rate constants in Table |

should be multiplied ¥ aﬁproxrmatey and the
rate of reaction with Cu2+should be divided b)i
In a recent work8 fdr+cd+ = 83 X

The Journal of Physical Chemistry

' These oxidants affected the rate of disappearance of Ni+ but no good first-
In the case of Br03-, the rate calculated from the initial part of the decay plots was constant in the con-

sec-1 and fCZﬂ'i'|'N|2'|': 5 X 107M -1 sec-1 have been re-
ported. If the reaction ZN* + cd2+ A ZNM + cd+
takes place, an increase in the optical density of the
solution would be expected as eCd+ >_ezn+6 No
such increase was observed. I the reaction ZNt + Ni2+
A Zn2+ + Ni+ takes place, a sharp decrease of the op-
tical density is expected (as eZn+> «Ni+), followed by a
much slower decay of Ni+. This has not been ob-
served. The experiments were repeated using n-
(C1042 Ni(C1042 and Cd(C1042 instead of the M S04
salts, in order to check whether complexing had any
effect on the results, but no change in the decay pattern
was observed. The reason for these discrepancies is
not clear.

The specific rates of reactlon of Zn+ with man}/ OXi-
dants are around 2 ~156c-1. It is of Inferest
to compare these rates Wlth the calculated diffusion-
contro led limits for these reactions, The diffusion-

rLtrolled ||m|ts have been calculated accordlng to the

Debye equation®

8@8 4:irrABD j,BN (Z AZ Be2 /
"1000 [tabElcT/

- 72 ANse?
U

The value in the braces is a correction term for
reactions between charged molecules A and B (rABis

(17) W. Huckel, “Structural Chemistry of Inorganic Compounds,”
Elsevier Publishing Co., 1950, p 919.

(18) F. A. Cotton and G. Wilkinsen, “Advanced Inorganic Chemis-
try,” Interscience Publishers, Inc., 1966, p 349.

(19) P. Debye, Trans. Electrochem. Soc., 82, 265 (1942).
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Table 11: A Comparison of Calculated Diffusion-Controlled and Experimental Rate Constants of Zn+ Reactions*
Diffusion ] o ]
coefficient Radius of Calculated diffusion-controlled Exgerlmenlal
. of oxidant, oxidant, ~ eeeeeeeees rate.constant, m - 1sec* kee-eee-m- e rate constant,
Oxidant cm2sec”l a rn+ = 30 A rznx = 0.8 M ~1sec-1
02 1.45 X H)-*5 1.6' 7.4 X 109 3.7 X 10 2.4 X 109
NO,- 0.7 X 10”5 1.0 8.9 X 109 7.5 X 109 2.2 X 10s
Cu2+ 0.7 X 1054 3.0 1.5 X 109 0.4 X 109 2.6 X 108

“ Adielectric constant of 80 and a diffusion coefficient for Zn+of 0.7 X 10-5 cm2sec-1 have been assumed throughout. 6W. A. Roth
and K. Scheel, Ed., “Landolt-Bornstein Physikalish-Chemische Tabellen,” 5th ed, 2nd suppl, Julius Springer, Berlin, 1931, p 198.
' Averaged from van der Waals radii and interatomic distance of 02 L. Pauling, “The Nature of the Chemical Bond,” 3rd ed, Cornell
University Press, Ithaca, N. Y., 1960, p 518. dJ. C. James and C. B. Monk, Trans. Faraday Soc., 46, 1041 (1950).

the encounter radius; Dab, the total diffusion constant;
N, Avogadro’s number; 2z and z B, the charges of A
and B;” e the dielectric constant; « BoltZmann’s
constant; and r, the absolute temperature). Two
extreme values for the radius of Zn+have been assumed:
a radius of 3.0, A assuming that Zn+ is hydrated
and has a radius similar to that of Zn(HD)&+;7 and
2) a radius of 0.8 A, assuming that altholigh, Zn+ Is
hydrated, the mechanism of it$ reactions reguires the
formation of a bond between the oxidant and Zn+
(an inner-sphere mechanism) and, therefore, the effec-
five radiys 1s. that of the unhydrated ion. The cal-
culated diffusion-controlled and the experimental rate
constants are summarized in_Table [l "It is clear that
the reactions of Zn+with 02and HA)2 as well as with
N03Z, Br03, and 103~ after correcting for the

salt effect, are diffusion controlled or approach this
limit.  The reactions of Zn+ with N2 and Cu2+ are
ﬂ%fqllrtntely slower than the calculated diffusion-controlled

The reactions of Cd+ are, on the_whole, sllglhtl
slower than the corresponding ones of Zn+, but only |
the cases of the reaction rates with nitrate and bromate
lons are the differences really S|%n|f|cant. (The latter
reaction rates are about ari orfer of magnitude less
than the diffusion-controlled limits.)

The reactions of Ni+are much slower than the others.
Only the reaction rate of Ni+ with oxygen approaches
the” diffusion-controlled limit, while™a majority of
the Ni+ reactions were too slow to be measured.

The fact that the absorption bands of Zn+, Cd+, and
Ni+ are simijar and that they have been attributed to
charge transfer to solvent transitjons®! might su?gest
that these ions would also react similarly in"reductions
involving  a char%e-_transfer_ mechanism, We  see,
nowever, that thert is a_definite order of react;th:
Znt > Cd+ >> Nit, This does not automatmally
Imply that this is also the order for the redox potentials
of the corresponding M2+M+ couples. The order of
reactmti/_ can be explained by assuming that in Zn+
the addlitional electron 1s located in an S'orbital, where
it would be_relatively exposed, making Zn+ a rapid
reductant. The added electron in Cd+ is also assumed

to be located in an 8 orbital, as suggested by esr
studlies, 1) 1ts lower reactivity is reasonable, in'view
that it is exE)ected that in the Zn, Cd, and Hg gro_uR the
stability of Tower oxidation states will increas¢ with the
atomic WeI?ht, and Hgt is really stable a a dimer in
aqueous solutions. I Ni+, thé added electron may
enter the 3d shell. Esr studies have proved that the
Ni+, formed bg wradmtmggsmgl_e crystals and glasses
doped with Ni2+ has a 3d9 configuration, L2l There-
fore, as the added electron s focated in an inner. orbital
it is reasonable that Ni+ is less reactive.than Zn+ and
Cd+. 1t is of interest to note that thig order of re-
activity is not the reverse of the order of reactlwtg_ of
the hydrated electrons toward _the corresponding
divalent cations, there the order is Cd2+ > Ni2+ >

na+

Finally, it is of interest to compare the measured
specific rates of reaction with the corresponding rates of
reaction of the same oxidants with the hydrated elec-
trons and hydrogen atoms. The M+ Cations react
slowly with H3)+,"If they react with it at all, asop:posed
to the high reactivity of ear with H3)+.  The reason
for this might be that the redox potential of M+ is too
low to allow reduction of HO+." In general, it seems
that the reactivity of Ni+ toward the compounds of
Table I is.more similar to that of H atoms than to that
of eag. To a lesser extent, the same may also be true
for Cd+ (relatively low reactivity toward N3~ and
ND) and Zn+ (low reactivity toward NZ), although
heré most of the rates are t0 near to the diffusion-
contﬁolled Ilﬂuthfor obtainin agood comRIa,rlson.

The very high reactivity of Zht, Cd+, NI+, ea, and
H atoms toward oxygen 1s attributed to the biradical
nature of the oxygen molecule. _
. The Reaction of M + with n~o. |t Was Of nterest to
mvesthFte In greater detail the reactions of M+ with
N. “This reaction is expected to transfer a reducing
agent (M+) Into an oxidizing agent é_OH radicals).
The effect of addition of MS040n the radiolytic yield of
jodine from iodide solutions saturated with N2) has

(20) P. N. Moorthy and J. J. Weiss, Nature, 211, 1317 (1964).
(21) W. Low and J. T. Suss, Phys. Letters, 7, 310 (1963).
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been studied as this system has been shown to be useful
In measuring the.hydroxyl radical yield.5 The results
are summarized in"Tablg II1. = The iodine yield is not
lingar with_dose éthe yields given are for a relatively
low dose, 6700 rads, ard the yield for a double dose has
been up to 10% lower).

Table [11: The Effect of Transition Metal Cations on
the Radiolytic lodine Yield from lodide Solutions
Saturated with Nitrous Oxide"

Added salt
concentration,

M ZnSO. NiSO< CdSsoO.
1.60 1.60 1.60

1X 10~-3 1.53 1.65 1.35
1X 10-2 1.80 1.75 0.67
1X 10- 2.15 2.28 0.33
5 X 10-> 2.88 2.77 0.22

“ lodide concentration 1 X 10~3m; dose 6700 rads; all solu-
tions at pH 5.0-6.0; the maximal standard deviation of the
G(12 values is +0.10.

The results suggest that the following mechanism
should be considered in the presence of Zn2+and Ni2+.

eat + ND —> ND- (N2+ OH) (L))
ear + Zn2+ (or Ni2+) —> Zn+ (or Ni+)  (12)
Znt (or Nit) + ND —>
Zn2+ (or Nizt) + ND" (N, + OH) (13)
OH+ I-— |+ OH- (14)
[+ " -
21" —> 1" + I,~
Zn+ (or Ni+) + 1,(1) —>
Zn2+ (or Niz#) + 12 (12 + ") (16)

From the known rate constants,2 No = 56
X 109w -1 Sec-1 e +2n+= 15 X 109w -1 sec™L

21- + 1, (15)

The Journal of Physical Chemistry
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nd fieg+Nowt = 22 X 100w -1 Sec-1, it is clear
that, fgllr?q\th_e presence 0?< the ﬁlg%er concentrations of
Zn2+ or Ni2+, most of the hyQrated electrons react
via reaction 12. The fact that the results are_not
linear with dloge ma)isbe explained by the competition
hetween reactions 13 and 16. 1t7is reasonable to
assume that the rate constants for reaction 16 are
109< < 100m -1 sec-1. The yield of iodine after
6700 rads is gtpproxmately 105w, and the N2 con-
centration 2 X 10-2 m and, therefore, the nonlineari
suggiests that &8 is two to threg orgers of magnitude
smaller than 1k in agreement with the pulse-radiolytic
experiments. _

The increase of G(12 in the presence of Zn2+ and
Ni2+ 1s believed to be Connected with the scavenging
of a small part of the precursors of the “molecular
hydrogen,” ‘as well as some hydrated electrons which
would otherwise recombing with pydroxyl radicals.

The effect of CdS04on the iodine }_/Ie|d suggests tha?
reaction 13 is much slower for Cd+ than for Zn+ or
Ni+. However, the pulse radiolytic results indicated a
qood first-order decay of Cd+ in the presence of N2
with a rate only three times slower than that for Ni+
which could hardly explain the difference In the effect
on the todine yield. The reason for this discrepancy
Is unknown, “One plausible explanation is that the
Cal+ complex formed (log « = 2.28)2 changes the
chemical behavior of the system.
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Calorimetric Determination of the Heat of the Sodium—Lithium

lon-Exchange Reaction in Anhydrous Methanol

by A. Schwarzl

Chemistry Department, Soreq Nuclear Research Centre, Yavne, Israel (Received May 16, 1967)

Calorimetric measurements at 25° of the heat of sodium-lithium ion e_xchan?e in methanol

with a Dowex 50 W-X8 exchanger were combined with the selectivity

dafa of the same

resin to derive standard free energy, enthalpy, and entropy_changes. The results are

compared with

data of a similar exthange system in water. “The comparison shows that

the fourfold increase in selectivity of sodium’ over lithium. in methanol Is dug to a positive

This

entroBy change which may be dttributed to a decrease in the solvation of sodium jons,
ehavior” suggests that 1on-solvent interaction may become less important in deter-

mining fon-exchane selectivities when the dielectric constant of the solvent is reduced.

Introduction
lon exchange,in nonagqueous and mixed solvents has

been receiving Increasing attention In recent years.z3

Fairly extensive datadexist on the behavior of Qlifferent
lons With the change of the solvent. Possibilities of
enhancing_and reversing. selectivities have been re-
ported.4 "Even in isotopic separation, the resolution
can be greatly improved_by the addition of organic sol-
vents.5” However, despite’ the considerable amount of
work, from the present theory we are still far from able
to predict e(ﬂwhbr_la In nonaqueous and mixed solvents
to the extent possible with aqueous s¥stems.

Calorimetric measurements by Boyd6-9 and. co-
workers and by othersi)l combined with selectivity
data have proved to be a useful tool In aqueous ior-
exchange work b Iﬁ)rowdln an insight into the nature
of Ion binding In fon exchangers, _

_ The present work was uridertaken with the expecta-
tion that information on the sign and magnjtude of the
entropy and enthalpy of ion-exthange reactions In non-
aqueous solvents will lead to a bettér understanding of
the nature of ion bmdmg in such systems.  Methanol,
with a dielectric constant of 32, was selected as It pro-
vides reasonable salt solubilities and has a water-like
structure; also the relatively high dielectric constant
could prevent imbibing of thé co-fons.

Experimental Section

. The calorimeter used in the heat measurements was
similar in many res;ﬁects to that descried by Linden-
baum and Boyd./ The container was an 800-ml cylin-
drical dewar flask mounted In a brass %acket equipped
with a brass-Teflon cup which could be bolted t0 the
{\alavcket and sealed. The heat-sensing elements were

0 2000 (nominal) Fenwal® thermistors havmq a
temperature coefficient of —3.9%/°C. Due to ‘the

lower heat caPauty of methanol and because a Model
150 AR Kiethley amplifier was employed in the present
study, the temperature sensitivity of the calorimeter
was ‘apout 7 X 106 °C. The turrent through the
thermistors was low. engugh so that self-heating was
negligible.  The reliability of the calorimeter” was
checked by measuring the Neat of solution of crystalline
KCL Gaod agreement with literature datal3was ob-

served.,
Although. the speed of agueous ion exchan%e of smgly
charged cations at 25° In the resins used in this study is
known to be quite high, this may not be so when méth-
ano| Is used as a solvent: consequiently, It was necessary
to determine whether an ordmz%Y calorimeter would be
adequate. The results of exploratory rate studies
designed to duplicate the calorimeter measurements of
sodium-lithium exchange, using an Na2 tracer are
presented in Figure L - These experiments were carried
out by suspending a l-g sample of the sodium resinate
containing'NaZ in pur dry methanol. The sodium-

(1) Killed in action, Six-day Campaign, June 1967.

(2) (a) R. W. Gable and H. A. Strobel, J. Phys. Chem., 60, 513 (1956);
(b) R. G. Fessler and H. A. Strobel, ibid., 67, 2562 (1963).

(3) J. Penciner, |. Eliezer, and Y. Marcus, ibid., 69, 2955 (1965).

(4) F. Helfferich, “lon Exchange,” McGraw-Hill Book Co., Inc.,
New York, N. Y., 1962, Chapter 10.

(5) H. Kakihana, J. Chim. Phys., 60, 81 (1963).

(6) G. E. Boyd, F. Vaslow, and S. Lindenbaum, J. Phys. Chem., 68,
590 (1964).

(7) S. Lindenbaum and G. E. Boyd, ibid., 69, 2374 (1965).
(8) F. Vaslow and G. E. Boyd, ibid., 70, 2295 (1966).

(9) K. E. Becker, S. Lindenbaum, and G. E. Boyd, ibid., 70, 3834
(1966).

(10) E. H. Cruickshank and P. Meares, Trans. Faraday Soc., 53,
1289 (1957).

(11) D. S. Flett and P. Meares, J. Phys. Chem., 70, 1841 (1966).
(12) Fenwal Electronic, Inc., Framingham, Mass.

(13) G. Somsen, J. Coops, and M. W. Talk, Rec. Trav. Chim., 82,
231 (1963).
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Figure 1. Fractional attainment of equilibrium
in various Dowex 50 resins. Exchange reaction
in methanol: RNa2 + LiCl fc? RLi + Na2

lithium exch_an[q_e reaction was initiated by adding a
solution of LICI"in methanol calculated to effect a final
concentration of 0.1 m LICI, The activity in the solu-
tion was counted as a function of time.  The exchange
in 8% DBV cross-linked 50-100 mesh resin was quite
slow. However, with —400 mesh particles, a_ half-
exchange time of 20 sec was observed.  This rate i fast
enoughfor a nonisothermal calorimeter with constant
temperature environment. . The, reverse, reaction, with
—400 mesh particles, starting with the lithium form of
the resin was also rapid as +udged by the temperature
history of the calorimeter. The'smooth curves obtained
In Figures.2 and 3, for both selectivity and heat data
when'starting from either sodium or lithium resinate, also
su?gest that equilibrium is reached in a short time.

N a typical exchange reaction, methanol-saturated
resin was Weighed into the calorimeter pipet and covered
by a 0.1 m methanolic solution whose composition was
stich that no ion exchan?e occurred,  The calorimeter
was filled with 500 ml of 0.1 m methanolic solution of
soajum or lithium chloride or a mixture of the two elec-
trolytes. At the end of a run, the resin was separated
from the solution by filtration, the excess solution
sucked, and the resin rinsed with_pure methanol and
eluted bY 10 m aqueous HCL  Both the equilibrium

ethano [ohase nd fhe eluent were anal%/zed for so-

lum and lithium by flame spectrophotometry.

The number of eguivalents of cation exchanged were
computed from the nitial and final mole fractions and
the amount of resin used, This procedure eliminates
the necessity for quantitative collection of fine particles.

Materials. ] NE Met an?l (Fluka, Purlss_ﬂrade after
dgm/q with Linde molecular'sieves contaiied. 6.01 o
0.05% water as determined by Karl Fischer titration.
The lithium chloride and sodium chloride were Baker
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Figure 2. Selectivity coefficients for the sodium-lithium
exchange with variously cross-linked Dowex 50 resins in
methanol. Direction of approach to equilibrium is indicated
by the arrows (data for water taken from ref 14).

Figure 3. Differential heats of exchange of sodium with
lithium ions on 1 and 8% cross-linked Dowex 50 resins.
Circles indicate midpoints of chord for heats of partial
exchange. Direction of approach to equilibrium is indicated
by the arrows (data for water taken from ref 6).

analyzed reagents. The Dowex 50 cation-exchanger
resin was conditioned before use by, cycling between
hydrogen and sodium or lithium With 2 m aqueous
solutions of the corresponding salts. 1t was then
washed with de-lonized Water and next with methanol
and. dried to constant WEI%ht at 50° In_a vacuum oven
equipped with aliquid nitrogen trap.  The capacity and
methanol content of the resin used are shown In Table .

Initjal tests were made of the effect of small amounts
of moisture on both the selectivity and the differential
heat of exchan%e. A few runs werg carefull?/ carried out
keeping the syStem as dry as possible, and in other runs
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Table I: Resin Capacity and Solvent Content*
RNa - RLi .
g of g of
mequiv/g, CHsOH/g, mequiv/g, CHsOH/g,
dry dry dry dry
8% DVB 4.03 0.43 4.34 0.95
1% DVB 4.48 4.89 (2.76)

“ Equilibrated isopiestically with 31 m solutions of the cor-
responding salts.®

water up to 1% by weight was added to the methanol.
No significant changes in either the heat or the selec-
tivity measurements were observed. This result is in
agreement with data reported by Fessler and Strobel,2b
who studied the Na-Li selectivity coefficient in Dowex
50-X 8 resin in methanol-water mixtures as a function
of the mixed solvent composition. According to their
data A LiNa is nearly constant up to a water mole frac-
tion of 0.1.

Results and Discussion

The dependence of the measured selectivity coef-
ficient and the differential heats of sodium-lithium ex-
change for nominal 1 and 8% DVB cross-linked Dowex
50 exchangers on the equivalent fraction of Na+ ions
is shown in Figures 2 and 3. Data for the exchange in
water were taken from the literature.614 The differen-
tial heats and the selectivity coefficient increase with
increased resin cross linking. In both methanol and
water, heat is evolved in the preferential uptake of
sodium. For the 8% DVB cross-linked resin more heat
is evolved in water than in methanol while the pref-
erential uptake of sodium over lithium is lower in water.

Another feature is the strong dependence of the selec-
tivity coefficient on the resin equivalent fraction which
increases nearly twofold when the resin becomes loaded
with the preferred ion. From the Gable and Strobel2a
data for 8% DVB exchange, a value of 10.6 was ob-
tained for KLiNaat V Na = 0.5 (or 9.6 as calculated from
the A HU and X HNa), while the value obtained in this
study is 8.5. Considering that different batches of
resin with different capacities are involved, the two
sets of data are in reasonable agreement. The effect of
capacity in this system is nor known and although
theory predicts an increase in selectivity with increasing
capacity, PSSA resins behave differently.
linked polyacrylic and pectinic acid exchangers, on the
other hand, conform with the theory.55

To facilitate the computation of AF and AH, the data
shown in Figures 2 and 3 for the 8% DVB exchanger
were fitted to least-squares quadratic equations with
the following parameters

Cross-

0.628Z 2Na+

14152 N+

log X LiNa = 0.544 + 1.019ANat -

E>AtfdZNat = -1296 + 1839ZNat -

791

The standard resin state6 chosen in this work is the
homoionic exchanger in equilibrium with a 0.1 m
methanolic alkali chloride solution having a common
The choice of 0.1 m electrolyte
concentration is a compromise between the need to keep

ion with the resin.

the electrolyte concentration in the liquid phase as low
as possible (since 0.1 M in methanol may not be “dilute”
enough in the sense of ideality) and the desire to keep
the ratio of electrolyte to trace of moisture as high as
possible.
computed for the hypothetical exchange reaction

Standard thermodynamic quantities were

LiR (& = 1, equilibrium with 0.1 m LiCl
in MeOH) + NaCl (MeOH, a = 1)
NaR (@ = 1, equilibrium with 0.1 m NacCl
in MeOH) + LiCl (MeOH, a = 1) +
NCH3XOH (as = 1)
where as is the activity of the solvent and N is the num-
ber of moles of methanol released or absorbed by the

exchanger.
dynamic equilibrium constant from the selectivity

The derivations of the integrated thermo-

coefficient and the standard heats from the integral
heats of exchange is hampered by the lack of data on
the behavior of electrolytes in nonaqueous solvents in
general and in methanol inparticular.

Another difficulty which had to be considered was the
question whether the present case could adequately be
described as a three-component system consisting of
sodium resinate, lithium resinate, and methanol or that
invasion by co-ions should not be neglected. Pre-
liminary invasion studies showed that although elec-
trolyte imbibement is stronger in methanol than in
water, the pure 8% DVB lithium resinate at 0.1 m out-
side concentration gives a ratio of WLici/wiLici = 0.1,
where mLici refers to the concentration of invaded elec-
trolyte. Even higher ratios have been considered
negligible.6 Similar small
electrolyte have been reportedlfor 8% DVB prepara-

amounts of nonexchange

tion in exchange studies carried out in methanol. For
the 1% DVB cross-linked exchanger,
found quite appreciable, and more information about

invasion was

the changes in solvent activity in the solid® is needed
before one can estimate the thermodynamic equilibrium
constant for this resin. The 8% DVB data can ade-
quately be treated by the formula

AF- - -2.303R3,Jj'log

The required activity coefficient ratio for correcting
the selectivity coefficient in aqueous systems can be

(14) G. E. Myers and G. E. Boyd, J. Phys. Chem., 60, 521 (1956).
(15) S. Lindenbaum, C. F. Jumper, and G. E. Boyd, ibid., 63, 1924
(1959).
(16) G. L. Gains, Jr., and H. C. Thomas, J. Chem. Phys., 21, 714
(1953).
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Table I1: Thermodynamic Quantities of lon-Exchange Reactions at 25° in Various lon-Exchange Systems
Func-
Exchange tional Ace, AHO, AS®,
ion Solvent Resin group cal/mole cal/mole cal/mole Ref
Na-Li Methanol Dowex 50-X8 SO3- -1150 -781 1.2 Present
work
Na-Li Water Dowex 50-X8 SOs- -360 -1460 -3.6 6
Ag-Na Water Dowex 50-X8 SOs- -830 110 3.1 8
Li-Cs Water PMA 10DVB coo- -134 404 1.8 7
Li-Cs Water Nuclear phos- Po3- -330 890 4.1 9
phonic acid

estimated following Boyd, et al..»  Thus the term log
[ % (LiCl)/T 22 (NaCl)] for the aqueous ion exchange is
only 6.86 X 10~3 and amounts to less than 3% of the
selectivity term. One can approach the problem of
estimating this term for methanol by the use of Harned’s
second rule,8Bwhich may be stated as

0 2 ORTm "

where yi(© and 72(Q) are the activity coefficients of the
pure salt in water and in organic solvent-water mixtures.
The rule has been verified up to 20%
wateri8 and more recentlyl® up to 90%
water. By further assuming that the rule may also
approximately hold for dilute electrolyte mixtures, the
same correction term may be applied for the activity
coefficient ratio in both water and methanol.

The standard heats of exchange were calculated from
the equation

constant

methanol in
methanol in

<IL(NaGi)]

a h ° = ~ [h{uci) -~

The required AS$1 values were obtained from the heat of
dilution measurements on 0.1 M methanolic solutions of
NaCl and LiCl. The lowest final concentration of both
electrolytes was 1 X 10-3 m. Surprisingly, more heat
was evolved on the dilution of NaCl than LiCl, and from
these measurements, it was estimated that $L(LiCl) —
<f>i,(NaCl) =

Table Il compares the standard free energy, enthalpy,
and entropy obtained in this study together with aque-
ion-exchange data from the literature. In the

—67 cal/mole.

ous

The Journal of Physical Chemistry

alkali halide exchange reaction in PSSA and quaternary
ammoniumtype resins, heat was evolved in the uptake
of the preferred ion while the entropy of the system de-
creased. Positive entropy changes were observed in
weakly acid exchangers and for the Ag-Na exchange in
PSSA;

forms of site binding or specific interaction between the

these were interpreted as indicating various
resin functional group and the preferred ion. A com-
parison of the two sets of data on Na-Li exchange in
water and methanol shows that the large increase in the
selectivity for sodium in the latter solvent is due to the
entropy term.
action of sodium ion with the sulfonate group is stabilized

A possible explanation is that the inter-

by the release of methanol molecules from their solva-
tion sphere. ion, on the other
hand, enters the resin phase retaining its solvation
sphere.

In conclusion, it seems that the positive entropy
change observed in this study indicates that by lower-

The smaller lithium

ing the dielectric constant of the medium, ion-solvent
interaction may become less important in determining
ion exchange selectivities.
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A Comparison of Quinine Bisulfate and 9,10-Diphenylanthracene

as Fluorescence Standards

193

by R. Rusakowicz and A. C. Testa
Department of Chemistry, St. John's University, Jamaica, New York 11482 (Received May 25, 1967)

A grating monochromator and photomultiplier which was calibrated with a lamp of known
irradianee (/iW/cm2 sec 10 A) for the determination of relative fluorescence quantum
yields was used to determine that the fluorescence quantum yield of 9,10-diphenylanthracene
is 2.17 + 0.10 times greater than the value for quinine bisulfate at room temperature.
This result suggests the commonly used value of 0.55 for quinine bisulfate is too large.
Using the upper limit of unity for 9,10-diphenylanthracene, the fluorescence quantum
yield for quinine bisulfate is estimated to be 0.46 (16% lower than the accepted value).
The fluorescence quantum yield ratio for 9,10-diphenylanthracene in degassed solutions
of cyclohexane relative to air-saturated solutions was determined to be 1.41. The fluores-
cence yields for 3.33 X 10~4 M anthracene in cyclohexane, relative to 9,10-diphenyl-
anthracene, were determined to be 0.33 and 0.25 for degassed and air saturated solutions,
respectively. A comparative fluorescence study of quinine sulfate and quinine bisulfate
indicates that when the optical densities of the two molecules in solution are equal, they
both exhibit indistinguishable fluorescence curves. The proportionality between intensity
of fluorescence and concentration was observed for quinine bisulfate up to 10-4 M, whereas

linearity breaks down for quinine sulfate when the concentrations exceed 3 X 10~6 M.

Introduction

The application of quinine bisulfate in 0.1 N sul-
furic acid as a fluorescence quantum vyield reference
compound is a generally accepted fact. Melhuishl
has carefully studied this system, and the fluorescence
quantum yield was determined to be 0.55. Recently,
Drobnik and Yeargers2 reported that the quantum
yield of 2-aminopurine in neutral solutions at 160°K is
2.5 times larger than quinine sulfate at room tempera-
ture. These authors suggested that the quantum
yield for quinine sulfate is probably 0.4 or less.

Another fluorescence standard which has been used is
9,10-diphenylanthracene (9,10-DPA), which was re-
ported by Bowen and Sahu8to have a quantum yield
of unity. Berlman4 has found this compound a con-
venient standard to study the fluorescence of a large
number of aromatic molecules. Although the fluores-
cence yields of some substituted anthracenes exhibit
temperature dependence,56 which is attributed to the
presence of a second triplet state (T2 in the vicinity of
the first excited singlet (Si), this dependence does not
apply to 9,10-DPA. Since there is no significant
temperature dependence on the fluorescence of this
molecule, it is not unexpected that Lim, et al.,6 have
reported the fluorescence quantum vyield of 9,10-DPA
to be 1.00 + 0.05 in EPA at 77°K.

In view of the ease of application of both compounds
as fluorescence standards, it is expected that a consis-

tency exists between the ratios of the quantum yields
for quinine bisulfate and 9,10-DPA. In this work, the
ratio of quantum yields for these compounds was de-
termined by two methods: (a) by comparison to a
standard lamp of known irradianee OuW/cm2sec 10 A),
and (b) by comparison of 9,10-DP A to quinine bisulfate
as recommended by Melhuish.1 The results of these
experiments are described below.

Experimental Section

Materials. Reagent grade 9,10-DPA was recrys-
tallized three times from ethanol and chloroform.
Quinine sulfate (mol wt 783) and quinine bisulfate
(mol wt 548) were obtained from K & K Laboratories,
Plainview, N. Y., and recrystallized three times from
water. Zone-refined anthracene was used without
further purification. Quartz-distilled water was used
for aqueous solutions and spectrograde cyclohexane for
9,10-DPA and anthracene. The extinction coefficients

1|_1) W. H. Melhuish, J. Phys. Chem., 64, 762 (1960); N. Z. J. Soi.
gch., B37-2, 142 (1955).

(2) 3. Drobnik and E. Yeargers, J. Mol. Spectry., 19, 454 (1966).
(3) E. J. Bowen and J. sahu, J. Phys. Chem,, e3, 4 (1959).

(4) 1. B. Berlman, “Handbook of Fluorescence Spectra of Aromatic
Molecules,” Academic Press, New York, N. Y., 1965

(5) E. C. Lim, J. D. Laposa, and J. M. vu, J. Mol. Spectry., 19, 412
(1966).
(6) R. G. Bennett and P. J. Mccartin, J. Chem. Phys., 44, 1969
(1966).
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determined with a Beckman DU spectrophotometer
are 9.10-DPA, ess = 856 X 103 e = 137 0
and &= = 1.32 X 104 quining sulfate, 5= 104
exs = O, 10s; and %umlne bisulfate, ees =

346 X 103 these values agree
ture values.«- _ _

apparatus. AN AMINCO. grating. monochromator
g//4.§f aperature, reciprocal diSpersion .6 mp/MM,
Q0 lines/mm, blaze at 5000 A) was ysed in conjunction
with. an RCA-1P21 photofmultiplier. " The™ photo-
multiplier tube was powered by an Amincg micro-
photometer and the output was fed to a Moseley x -v
recorder  (Modlel 7030A2. The flugrescence “signal
entered the monochromator from a direction peren-
dicular to excitation, and monochromator entrance and
exit slits remained constant at o.. mm for all measure-

mepts. . . :
Qﬂm excitation source was an Osram-OOW2 high-
pressure mercury lamp which was placed at the focal
oint (1,5 In.) of a « In. in diameter). quartz lens.
he excitation wavelen?th ﬁGﬁ mix) was isolated with
a Schott (Jena Glaswerk, Mainz ermancy) Interfer-
ence filter distributed by Fish-Schurman Corporation
New Rochelle, N. Y. “A Corning filter CS No, 3-/5
was placed in front of the 1P21 tube to exclude the
exciting wayelength. _

The Trradiance standard was obtained from Electro
Optics Associates, Palo Alto, Calif., and ifs accuragy
is' +5%, relative to a National Bureau of Standards
certified IanEP. _

All measurements were made with quartz spectro-
Ehotometnc cells (L cm). Degassed ‘samples were
ealed Off at <-4 mm Pressure after at least three
alternate cycles of freezing and vacuum boiling.

The pe_rcenta%e of radjation ab?orbed b¥ the samples
was obtained In a smgle-beam_l?ht path, using the
exciting source and filfer. Radiafion intensities were
determined with the potassium ferrioxalate actinom-

eter s , _ _

A neutral density screen placed in front of and behind
the sample cell block indicated that scattered radiation
was not an important factor in our optical arrangement.
The requirement of equivalent optical %e_met ,
necessary for using the standard lamp, was attained
erIa_cmg the guartz sarggle cell with a front surface
aluminized mirror. 1t was observed that the correction
factors for the monochromator-photomultiplier: ar-
rangement were identical when calibrated with either
the™ quinine bisulfate solution using  Melhuish’s.
values or the standard lamp. Consequently, it
aﬁgears that scattered I|?h_t in the monochromator from
the standard lamp is not significant.

Measurement of Fluorescence Quantum Yields

The %Lrj]antum yield for a substance is given by the

EXPIesst
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atistactorily with litera-
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S [alejv)/ajavs|
J

AL (0

Where jaiep)/avy 1S the number of quanta _emlttlnP
Per unit area per unit, time per wavenumber interval.
1 alS the number of exciting quanta per second ahsorbed
m the molecule of interest, and u represents, the _([Jeo-

etrical factor relating the fractional area of emitted
radiation detected by the monochromator-photomulti-
plier system. When a standard lamp is used, the ex-
PIession areqvyzavy 1S related to the quantum output
of the Iamp, i.e., [dle(p)/dv] = [dle(p)/dP]s(Rx/Rs),
Where raieqv)/aviS represents the known output of the
lamp, and Pxand s represent the photometer readings
for ‘the unknown solution and the standard lamp,
respectively. The optical arrangement is, of course,
held constant when relative meaSurements are mace.
The irradiance units of the standard lamp are jJuWicme
sec 10 A, which can be converted to a quanta output,

. daeszanasny) = dlefdX )

where e is the eneg;y rating from the lamp per wave-
length interval and™nv IS The ener?y per quantum.
Thé term aresay represents the quantd output q_er unit
area per unit time per wavelength interval, - The re-
lationship between [a1ep)/ap; and [d/e(X)/dX] is

o = e p= S 9

The final expression for the quantum yield of fluo-
rescence Is

oo [d/e(P)/d?ls VeI RP g

When relative guantum yields are measured, the E_eo-
metric factor IS elimindted, and the final working
expression becomes

$1 = / [d.(P)/dP]. (RIR.) dPld
& 7 [dz.oosd?]. (RY/Rs') dp'la {0)

where 4 and 4. are the fluorescence quantum yields of
the two substances of interest, and the primed quanti-
tles refer to substance 2. The area under the corrected
fluorescence curve Is obtained with a planimeter. In
our experjments the ratio of areas was measured.

There Is a complication arising from the different
solvents from which the fluoreScence occurs, since

10-DPA was dissolved in cyclohexane and the quinine
bisulfate in water.  This correction was made with the
EXPressions o ?eq 6)

(7) J. W. Eastman, Photochem. Photobiol., 6, 55 (1967).

}\8} 56 G. Hatchard and C. A. Parker, Proc. Roy. Soc. (London),
35, 518 (1956).

(9) J. J. Hermans and S. Levinson, J. Opt. Soc. Am., 41, 460 (1951).

(10) A. R. Horrocks, T. Medinger, and F. Wilkinson, Photochem.
Photobiol., 6, 21 (1967).
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$1 = nMi
$2 nMz 1

were $, . and A represent the flyorescence yield, index
of refraction of the solvent, and the area of the cor-
reclted {Iuorescence envelope, respectively, for the two
molecules.

Results

Since the direction of emission detection was at right
angles to the excitation, the concentration of 9,10-DPA
In Cyclohexane was kept below 3.5 X _10-s M in order
to minimize front-surface emission. The fluorescence
of 9,10-DPA was measured for_air-saturated solutions
and for degassed solutions. The ratio of yields, 47
(degassed)/ Tj»/(air) is equal to 1.41, which agrees favor-
ably with the value of 1.38 reported by” Berlman.
The relative quantum-yield ratio for 9,10-DPA and
quinine bisulfate was 2:07, when determined by com-
parison to the standard lamp. _ N

In the second method using equal optical densities
the ratio of yields, 4/ (IDPA_)/$/ S%BS), Was efermined
to be 2.27. " These, values include thé refractive-Incex
correction made with eq . If the quantum yield of
9.10- DPA in cyclohexane(degassedi IS assigned the
value unity, the” fluorescence “quantum yield value
(upper limit) for quinine bisulfate becomés 046, It
mag be noted that |owering. the guantum yield for
9.10- DPA lowers the quinine bisulfate yield. This
value corroborates the recent mvestl?atlon by Drobnik
and Yeargers. who sug?ested that the fltiorescence
yield of quinine sulfate IStoo large. .

Since quining sulfate (QS) and quinine bisulfate
(QtBS_) are available, we compared the spectral char-
acteristics of these two molecules, because incorrect
usage has occurred in at least two recent mvest%ga-
tions.2» - Melhuish has recommended only the bisulfate
as the fluorescence standard. The ratid of extinction
coefficients for the two compounds at 366 mt,

«avs, WS (letermined to be_L.79 for concentrations up
t0 104 m IN0.L A H2S0..  This ratio was also obtained
when the Intensity of fluorescence for the two com-
pounds at the peak wavelength, 465 mir, was plotted vs
concentration, provided that the concentration of QS
was less than'3 X 10-s m. In our experimental
arrangement, the proport|ona||_t¥ between fluorescence
and concentration was not satistactory when the con-
centration of OS exceeded 3 X 10.5.m. This non-
linearity for QS is a source of positive error In the
determination_of relative fluorescence yields when

( 10.s M QSin0.1 A H2504is used instead of QBS,
This fact may account for some error in the work of
Drobnik and” Yeargers.. however, our results with
QBS still sug est that the fluorescence quantum yield
recommencle ¥Melhwsh IS t00 large. . 1n contrdst to
the behavigr of QS, the proportionality between in-
tensity of fluorescence and concentration for QBS IS
linear’up t0 10-4 m.

795

A convenient comparison of the two_compounds. is
related by the fact that 5 X 10.s » OBS and 3 X 10-5
m QS, €ach dissolved in 0.1 A H.SO., exhibited the
same fluorescence spectrum. envelope, ' For this par-
ticular case in which the optical densities are the same
It Is estimated that there is 23.5 '|g§m| QSto 274 ¢ig/ml
OBS, since QS has a mol wt 0783 contalnmg_ %
gumme base, and QBS has mol wt of 548 containing

0%_quinine base . Thus, on the hasis of percentage
quining present In_each compound, there is 195
ml of quining in QS and 16.4 fig/ml'in QBS. It follows
that the two compounds are not optically equivalent.

The fluorescence of anthracene was also studied as a
further proof of conmstencz. A solution of 333 X
10~i w anthracene in cyclohexang gave a fluorescence
emission Which was oxygen sensitive, as reported b
Berlman. The %ua_ntum yield we determined relative
t0.9,10-DPA is 0.33 In degassed solutions, which agrees
with the value of 0.36 réported by Berlman. and the
value of 0.30 reported by Parker and Joyce.. The
ratio we obtained. for _de%assed solutions “relative to
air-saturated solutions is 1.34, which compares favor-
abk with the value of 1.25 reported by Berlman

lthough the _Iar?_est uncertainty In our measure-
ments 1s the distribution of ener%/ from standarg lamp,
Its accuracy I +5%. It is profiably more realistic to
estimate an accuracy of 10-15% In olr data.

Discussion

The ratio of flyorescence. quantum ){)ields $/(DPA)/
4 ,(QBS), determined in this work to be 2.47 + 0101s
significantly higher than the value of 187, which is
g_redlcted rom”Melhuish’s value of 0.55 for quinine
Isulfate. ' The results reported in this work, and those
recently reported by Drobnik and Yeargers. suggest
some uncertainty in'the accepted value for the fluores-
cence Yield of duining bisulfate in 0.1 A H:.S04 |
IS noteworthy that in both cases the suggested value is
less than 0.5, L
Although our recommended value for quinine bi-
sulfate 150.46, the difference befween our value and the
_currentl%/ accepted value may be due to uncertainties
In the standard lamps used in this work and bY Mel-
huish.  The use of rlght-angle or front-surface detection
of fluorescence should not bie a source of error, provided
concentrations are kept small in the former method.
The Ip035|b|llty that quinine bisulfate samples r_naY be
different cautions against the use of quinine bisulfate
as 4 standard and favars the use of 9 10-DPA.
.~ The.two examples (9,10-DPA and 2-aminopurine) of
inconsistencies for quantum-yield ratios may not’ be

(11) A. Osol, G. Farrar, Jr., and R. Pratt, "The Dispensatory of
the United States of America,” J. B. Lippincott Co., Philadelphia,
Pa., 1960, pp 1172, 1176.

(12) C. A. Parker and T. A. Joyce, Trans. Faraday Soc., 62, 2785
(1966).
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considered significant; however, the possibility exists
that other molecules may also show emission properties
Incompatible with the clrrently accepted value of 0.55
for the fluorescence yield of Quinine bisulfate. The

lon-Solvent Interaction. VI.

J. Padova

authors hope that additional results from other re-
searchers working with different molecules will help to

evaluate the validity of the observations reported in
this work

A Thermodynamic Approach

to Preferential Solvation in Mixed Solventsi3

by J. Padovalb

Radiochemistry Department, Israel Atomic Energy Commission, Soreq Nuclear Research Center, Yavne, Israel

(Received May 29, 1967)

The thermodynamic treatment of a mixed fluid in an electrostatic field is_applied to the
calculation of preferential solvation in mixed solvents at infinite dilution. ~ The preferential
solvation is interpreted in terms of partial molar free energies of solvation and is com-

pared with literature data.

Introduction

The preferential solvation shown by electrolytes in
mixed Solvents is a direct conse(éuence of the Specific
Interaction between an ion and ong of the components of
the mixed solvents. |t may be defined as the relative
change In the composition of the mixed solvent in the
vicinity of the ion and may be expressed by

ni/rii 113
ity 0
where »\ [ the mole ratio of the components in the
vicinity of the on, n~zn~ IS the initial mole ratio of the
components, .and a will be called the index of prefer-
ential solvation. It 1s obvious that for = ~ 0, the
lon 15 selectively solvated by component L; for a < 0,
the fon 15 selectively solvated by component 2; and
for a = O there IS nd preferential Solvation.
Varijous attempts have been made to derive theo-
retical exPressmns foreq 1,25 assumm%elther an ideal
mixture for the mixed solvent and the electrostatic
contribution for the free energy to be given bg Born’s
expression,2 or an empirical ¢orrection”for thé change
in" the dielectric constant of the solution,3 or other
experimental corrections.4h
It was now foung possible to _%Pply the thermody-
namic treatment (if a m|xe(1 flw In"an electrostatl(i
fieldb to the problem of calculating the preferentia
solvation, assuming the mixed solvent to be sorted

The Journal of Physical Chemistry

under the influence of the electric field caused by the
presence of ions.

Theory

From electromagnetic theory, it is possible to show
that the ispthermic, isobaric eléctrostatic work done on
afluid Is given by the expression/

woTr ) I EdDA’ %

where e and o are the electric field and electric dis-

Placement vectors, respectively, and av is the elemen-
are/ volume,
r

om expression 2, the elementary electrical work
done on the fluid is obtained as

(1) (a) Presented in partat the XXX 111 Meeting of the Israel Chem-
ical Society Beler Sheva, Dec 1963; c}., J. Padova, Israel J. Chem.,
1, 258 (1963). (b) Oak Ridge National Laboratory, Chemistry Di-
vision, Oak Ridge, Tenn. 37830.

(2) P. Debye, Z. Physik. Chem., 130, 56 (1927).

(3) G. Scatchard, J. Chem. Phys., 9, 34 (1941).

(4) (@ J. E. Ricci and G. J. Ness, J. Am. Chem. Soc., 64, 2305

(1942); (b) H. L. Clever and F. H. Verhoek, J. Phys. Chem., 62,
1961 (1958).

(5) I. F. Efremov, T. A. Probof'eva, and Yn. P. Syrnikov, zh. Fiz.
Khim., 38, 2258 (1964).

(6) H. S. Frank, J. Chem. Phys., 23, 2023 (1955).

(7) E.g., A. Prock and G. McConkey, “Topics in Chemical Physics,”
Elsevier Publishing Co., Amsterdam, 1962, p 11.
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whence the increment in internal energy, au, is b
tained through the application of the first law of
thermodynaniics to an infinitesimal process

du = Tds - pav + edorj v t zeang (9

We ma¥ now define a characteristic function, r+,

analog to the enthalpy
H* = U+ Pv _ EdD
and
dH* = Tds * vdp ——EdD + ‘£hidnt

and the analog Gibbs free energy, o=
0G* = -sat *+ vap - ﬁdD u

introducing the differential dielectric constant, ed =
apsde, WE 0btain the fundamental equation

06 sar e ver Fde £ YMbe ()

from which the desired relationships will be obtained
in the usTaI Wag.

An earlier tréatments assumed that the whole of the
fluid samA)Ie under discussion Is subgect to the same
(instantaneous) field strength.  ThiS has now been
Oeneralized, and eq 4 may be applied to a dielectric
which IS nonuniform in e since eq » allows for infini-
tesimal variations of e and o in the elementary volume,

. We are interested in the change of local composition
in a mixture of solvents produced by the field of an ion.
Equation 4 for a two component System IS written as

dG* = _sar + vap -
VZ&EdB + fidili + giani (5)

hence by cross differentiation

\ 1 ~d(vecE)~ )
[p1mm N.& _brem

or in terms of mole fractions n i and n 2

Y
MEjp,T,Ni = - fjp ko gd_N Ip,T,El-

where vm = v/(tn\+ n)e

At constant emPera Ure, m, > £, and n1 may be
taken as a mutually dependent set of quantities, so
that eq & follows.

797

- am\
drU = (deE dp ’ de)p,Ni,TAd/E \+
o/m
dN [p,T,E de (8)

Since the changes in local composition produced by
the field should”be at constant.chemical potentials m
and m of the binary solvent, inside and" outside the
field, we obtain for am = am = o

(am\ am\
\dPjEN \OEJp IT,Nt
[ow)\ (W -
\ONi)p.r.tfv dB 2_ 0 (9)
Making use of the Gibbs-Duhem relations
Ni(oaU T =0 (10)
it may be shown that
(m a EvrertQ(ed\ (dm \
VdE A]JAZ‘T aie NONI1/p,E,TNanl/p,E,T (H)
Rewriting eq 11 as
(ANi\ = Ev(dea\ (am (12)

\OE/ 2 47T\Onilp,T.E,n\0NYV p,E, T

and dividing by ni gives

(dinAA = Ev(ded\ /[ dm
\ dE /fum 4i\dn\/p,e,t,n\\d \n N\ )P (13)
with a similar expression for
(d INna
\ ae

where the relative change of composition per unit
volume under the charge of field strength dB Is

1/|d|nN|/_N Al 1/ dm y i
v\ dE gi\o In N i Jp,e7
0eA o8l e W)
\dni/p,E,T,m dn2> PETN

which gjves for the change of composition in the vicinity
of thelon (r = v as compared to the composition

M» 1
— —IN— = > -
In n?2 anV? Sir jrﬁ” dr Jo \d fn»ml
et (02pernt 3 1)
or
W Nz 2Jdre 0 Jo d INNJpwe X

(BrdpieTm (InQ/p,E,T,nX;II d/\a (16)
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which is the general expression for the sorting of mixed
s_oIvents_b){ ions where ~ ¢ 1S the value ~ « Outside the
field, reis the intrinsic radius of the jon, and e Is the
field strength at the distance . Various cases may be
consicered'in evaluatl_nP eg. 16.

First case.  1NE ClIEfectric constant, ¢ and the vol-
ume, v are assumed to be mdeEendent of the.field
strength (which, is true for weaker fields onIY)'_the
binary mixture is_assumed to form an ideal solution.
Under these_ conditions, 1t is possible to integrate the
right-hand side of eq 16, since

M=+ ar nniande - o= P
Ah A
Inv2- Invr
VE2
sirnr oadpcrn - Gaehi gt 17
Substituting
(de _ O\ _ (de\
T

WHere vm = vzl + 1D gives
|nﬁ,|__lﬂn’/b: vIE f ot N (18)

SrRTKONjr.T.t

which is identical with the expression obtained by

Frankes Substituting e = (ze)/(er2 ineq 17 gives

N vzz2 de  (f
lnAh |nAho SirRTtb'loni onale et 19)

which may be compared with the similar equation.
Ah %m/@tfclc £ (8 (o)

viln= -
N stRTexx\\V dm dv,

where z is the valence of the ion, e the electronic charge,
and r the distance from.the ion; m and m are the number
of molecules per milliliter of the two substances, and
vi and vz are molecular volumes defined by
vivi T riivi — 1

Franks has already shown that eq 20 is less general
than eq 18 and that, qualitatively, it is possible to
predict that in the immediate neighborhgod of an ion,
nizng could change by several powers of ten, a rather
complete sorting. Thg_ freatment, however, neglects
electrostriction “and . dlelectric saturation, even at
infinitely dilute solutions, and cannot be used for finite
salt concentrations.

second, case. W Shall now solve eq 16 for the case
of organic solvents cont mmg Iarﬁe er_centagfe of
water, where it has been showl that the activity of the
water is very nearly given by the water mole fraction
in the solvent. However, the dielectric constant will
be taken to be a function of the field strength. ~ In this

The Journal of Physical Chemistry

J. Padova

case, M = i’ + r7 INniandeq 16s transformed into

Ah A
In I\T-zmln Aﬁ\q RT
r 2rrf /M /

m
- aea (21
Jre  JO I\dnjpTBnt \0n2 pTEN (F2 ( )

which may be interpreted.as follows. The ionic free
energy of Solvation in a mixed solvent at infinite dilu-
tion,"ac, may be formally described as

AG = niAGi T niAGi (22)

where A is a partial freg energy of solvation of the ion
In component i of the mixture..
It has been showns that the integral

1 /*“ *Er (23)

2J r2drJo edd(B2)

represents the electrostatic paEt of the ionic solvation
free energy. The part Vst ‘etie2 may be con-

sidered s the fonic-solvation free-energy density and
the differential

g))ﬁi \b@j(ua pTEm -~ Jb \dnjf

as the partial ionic-solvation free-energy density in
component ; of the mixture. Hence the"right side of
eq 2. may be considered to represent the difference
between the partial ionic-solvation free energies in
\?\?r itgonents » and 2 of the binary solvent, and vie may

dea

A Ay ()

RT(

oA
From e% gél the ionic index of preferential solvation,

a, IS ODtal
AGi AGi (25)

23RrT -

We may now combing the ionic contributions of an
electrolyt anions, and ., cations) and obtain
thereby'a mean selective index, a, given by

a ma+ veac AGi — AG‘- (26)

\% 2.3VRT

with v = 13+ v and aci is the partial molar free
energy of solvation of the electrolyte in component i
of the binary solvent. _ ,

It follows that the preferential solvation detpends only
on the difference between the partial molar free energy
of the electrolyte in each eonponent of the solvent
m\xture, since ‘the sign of a determines the solvent
Selectivity.

(8) J. Padova, J. Chem. Phys., 39, 1552 (1963).
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Table 1 Values of d for Various Solvents as Compared to Water
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The dlifference Aft —Aft could be rigorously obtained
by applying the Backhuis-Roozeboom Proce ure to the
free enerlgy of solvation of the electrolyte per mole of
mixed 50 venB . :

However, because of the paucity of data for mixed
solvents, the molal solvation free energy of the electro-
Igte in the pure co_mﬁonent i 0f the mixed solvent has

een used, since this has been showns to Introduce only
small errors in the calculation of the difference Aft —
Aft.  The calculated values of o are listed in Table |.
All the values of the solvation free energy were taken
from Izmailov .o except those for the mixture of 50%
dioxane-water, taken from Grunwald et ar..n Who give
a correct value for the difference Aft —Aft.

_rro the table, It rp?y be ﬁeen that, ?enerall  salts
will solvate water ’r_)lre erentially, except for mixtures of
NH: + H@, N-H, + H_20, and HCOOH + H.0.
The neqat_lve values of a In these cases indicate that
chemical interaction is taklrglg place (.o, ammine
formation), which probably leads to complex formation;
this tallies with the fact that lower free-energy states are
mere.stabIe. . : . :

his assumption of selective sqlvation in interpreting
data on, conductance 1215 Solubility «e thermodynamic
association constant s VISCOSI'[¥,17 density = transfer-
ence enumbers > molar refraction» ultraviolet and
visible spectraz vapor-pressure data.  Solvolysis

799

50%
Dioxane-

C.H.OH CsHnOH (CHaRCO HCOOH water
3.12 3.12 2.94 2.98
%83 3.19 1.84 4.22
257 2.0 2.75 458
0.21
. 4.71 6.78 -1.10 5.06
hom o w
21 ' ' ' 6.45
2.02 2.38 0.73 Z’g%
%% 2.09 1.10 0.54 '
1,65 110 2.0 0.9
3.98 427 4.95 -0.55 5.06
312 4.29 3.67 0.73 414
TSN
qowom o
36 361 38 L8 458
2:39 374 257 052
2.3 2.75 3.49 013
= 2.20
0.92
-0.55
0.49
1,84
0.98

reactions . and emfy i confirmed by results listed in
Table 1. In the cases where it was possible to prove

(9) J. Padova, to be published.

(10) A. N. Izmailov, “Electrochemistry of Solutions,” Kharkov Uni-
versity, 1959.

(11) E. Grunwald, G. Beughman, and G. Kohnstam, J. Am. Chem.
Soc., 82, 5802 (1960).

(12) (a) G. Atkinson, ibid., 82, 818 (1960);
G. Atkinson, ibid., 83, 3759 (1961); (c) G. Atkinson and C. J.
Mallada, ibid., 84, 721 (1962); (d) G. Atkinson and S. Pétrucci,
ibid., 86, 7 (1964).

(13) (a) N. Goldenberg, Ph.D. Thesis, University of Kansas, Kansas
City, Kan., 1961; (b) A. Fratiello, Ph.D. Thesis, Brown University,
Providence, R. I., 1962.

(14) A. Campbell and G. Debus, Can. J. Chem., 34, 1232 (1956).
(15) J. B. Hyne, J. Am. Chem. Soc., 85, 304 (1963).

(16) (a) H. K. Bodenseh and J. B. Ramsey, J. Phys. Chem., 67, 140
(1963); (b) Y. H. Imami, H. K. Bodenseh, and J. Ramsey, J. Am.
Chem. Soc., 83, 5 (1961); (c) A. d’Aprano and R. M. Fuoss,
/. Phys. Chem., y 1704, 1871 (1963).

(17) J. Padova, J. Chem. Phys., 38, 2635 (1963).
(18) J. Padova, ibid., 39, 2599 (1963).

(19) (a) J. O. Wear and E. S. Amis, J. Inorg. Nucl. Chem., 24, 903
(1962); (b) R. K. Kay and A. Fratiello, J. Phys. Chem., in press; (c)
H. Schneider and M. Strehlow, Z. Elektrochem., 66, 309 (1962); (d)
H. Strehlow and H. M. Koepp, ibid., 69, 674 (1965); (e) H. Schneider
and H. Strehlow, ibid., 69, 674 (1965); (f) H. Schneider and H.
Strehlow, Z. Physik. Chem., 49, 44 (1966).

(20) (@) S. Mine and W. Libus, Roczn. Chem., 29, 1073 (1955);
(b) J. Padova, Can. J. Chem., 43, 458 (1965).

(21) (a) S. Mine and W. Libus, Roczn. Chem., 30, 945 (1956); (b)
1. S. Pominov, Zh. Fiz. Khim., 31, 1926 (1957); (c) R. F. Pasternack
and R. A. Plane, Inorg. Chem., 4, 1171 (1965).

(b) C. J. Mallada and
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that selective solvation is taking place, as in the nmr
study of electrqlytes in 50% dioxane-water mixtures, 29
all salts examiried showed preferential Solvation for
water, cont_radlctlngi the results obtained by Grun-
wald... but in complete agreement with the résults for
a In the table.  Additional confirmation was obtained
from the use of epr for MnSCVA in water-dioxane
mixtures, the studly of rate of exchange of solvent
molecules for Cr(l1l,.2« high-resolution nmr of Cu?+,
Mn2+, and Crs..= In ethanol-water and in methanol-
water sz and In Pyndme_—water'Zb all the nmr dataz
confirm the results’listed in the table for the solvents
H_sually examined, i..., methanol, acetone, ethanol, and
loxare. _ _ _ _
. 1t has been possible to predict preferential solvation
In aqueous organic mixtures by using the thermody-

Y. Bottinga

namic approach to the continuum theory of electrolytes
in mixed solvents. _
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Partition-function ratios for HO BH2D 15 COBIC 0B CaCo 1/CaCo B CLNACD 2 and CaCiso3/CaCiz03
have been calculated. Water vapor and carbon dioxide are treated as ideal gases, byt vibrational anhar-
mwmﬁManmM%mmTmmmeMMMMmmwmmmwwwwM
the Giulotto-Loinger model for the acoustical, optical, and librational lattice modes; the orbjtal-valence
force-field method was used for the carbonate ion vibrational frequencies. For oxygen isotopic exchange
between C02and calcite, the calculated fractionations can be expressed as 1000 In «0 =~ —3.2798 + (1.0611

104T) — (1.8034 X 106T 2, for the temgerature Interval 0-550° for carbon exchan?e, the corresponding
equation is.1000 Inao = —2.4612 + (7.6603 X 10~,1) — (29880 X 10+/12. The_calcu’ated fractionation
factors for isotopic exchange in the systems carbon dioxide-calcite and carbon dioxide-water agree with the
observeg ones. _ The agreément is less satisfactory for the oxygen isotopic fractionations between calcite and

water above 100°.
. Introduction o _ ?nd may alleviate the need for experimental results in
A knowled?e of isotopic fractionation factors is a  favorable cases. : -
prerequisite Tor understanding, the stable_isotope . After Urey. had published his important OE)aper on
abundance patterns observed “in nature. Fraction-  isotopic exchiange, several attempts were made to cal-
ation factors for oxygen have been measured in several — culate the fractionation factors for isotopic exchange

systems as a function of temperature..  Unfortunately
It 15 often difficult to meastre fractionation factors at
temperatures of 1%eochemlc_al_lnterest In systems con-
taining solids.

extrapolate measured data over a coniderable tem-

between condensed phases.  McCrea; published. “a
brief account of calculations of the isotopic Tractionation
factors for carbon and oxygen exchange between calcite
erefore, it is frequently necessary to

(1) H. P Taylor, Trans. Amer. Geophys. Union, 47, 287 (1966).

peratUre Interval. A theoretical treatment of the
problem should produce quide lines for extrapolation

The Journal of Physical Chemistry

(2) H. C. Urey, J. Chem. Soc., 562 (1947).
(3) J. M. McCrea, J. Chem. Phys., 18, 846 (1950).
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and other phases.  His calculated results.do not agree
with exlt)/lerlmentally determined fractignations,  Inthis
paper, McCrea’s work is discussed, and new calculations
of fractionation factors for isotopic exchange in the
system calcite-carbon digxide-water are presented.

Il numerical results given in this paper were calculated
on a CDC 3600 computer.

I1. Calculation of Partition-Function Ratios
1. cases. FOF the exchange reaction

I ,CaCo 183(C&|Cite) + y2CO|62 =
V3C3.C0163(C&|Cite) + »AGOB (1)

the fractionation factor, a, is defined by

cm = (0180 16co2 (0 18 0 16)oaloite (2)

For carbon exchange in the analogous reaction one has
« = (CVGFW (C C Deadte (3)

The fractionation factor can be calculated from the
relation

M= (©*/Q)00.mMKQ*/Q)o.uidh (4)

Where o=/ stands for the partition-function ratio and
the asterick indicates the presence of the heavy Isotope.
A detailed account of the above treatment can be found
In.many places; among otners, Urey. and Dole.. In
gomﬁ from eq 2 to 4, which correspdnds to reaction 1,
One Nas to assume a random distribution for the oxygen
Isotopes among the isotopically different carboriate
lons 'in’ calcite”and among _the” isotopically different
carbon dioxide, molecules. ~ This assumption, the rule
of the geometric mean, has been discussed by Bigelei-
sense and has been justified for carbon dioxide by
Urey.. Formal gUSt_I ication for calcite requires a
knowledqe of the vibrational frequencies of all the
isotopically different calite unit cells, and such data
are not available. - As Bigeleisens shows, 1t IS reason-
able to assume that the rule of the geometric mean holds
to the extent required for this paper, for structurally
equivalent atoms other than hy roqen. _

In this type.of calculation, involving only ratios of
Partmon functions_for isotopically différent molecules
he partition-function ratio is given, to a high degree of
accuracy, by

o=sq = «21Q)trans(Q7Q)rot«27Q)vib
where the subscripts trans, rot, and vib stand for

translational, rotational, and vibrational. For  ideal
(jases one obtains

In (Q*/Q) = In (s*/s) — 3n/2 In ('fn/m*) +

f;,{ [(«, - «,*)/2] + N - e /(l - e“U*)] -

In Uj/usN dj + 1M C/(fCTZ/%;(X,, — xtj¥) duj +

In [1 T he/{kT)YIdi(dt + l) IxiteU/ (el = |y2 -

801

x ti*eui*/(eUr* = |)2] + V2hc/(kT)ZZdidj X
i<3

toelpspten - 1)(<T - 1)) -
terreu - - )l )

Ineq b u = okt o = Z8r0-0rer frequency
(in wave numb_er_sﬁ of the jth moge of vibration,
x = anharmonicity constant, «« = degeneracy of the
fth mode of vibration, § = symmetry” number, n —
number of exchanged atoms per molécule, and m =
atomic mass of exchanged atom. . «, n, and ¢ have
their usual meaning. "Details about the first three
terms (the harmonic part) in eq 5 can be found In
Urey’s 1paper. Vojta; has treated the anharmonic
Part. he fourth term i the anharmonicity correction
0 the zero-ﬁomt enerqy; It is an important term.  The
last term, the anharmonicity correction for the vibra-
tional levels above the grourid state, is complicated but
quantitatively less important. Carbon dioxide and
water vapor Were treated as ideal gases, so that eq s
could be applied.  Table I illustratés the magnitude of
the various terms in eq 5 for carbon, dioxide. In
Tables |_and I, reduced partition-function ratios are
listed.  The reduced partition-function ratio is related
to the normal partition-function ratio according to:
(Q*/Q)r = (Q*/Q)(M/m*)3/2.

Table I Reduced Partition Function
Ratios for Carbon Dioxide

273.15 273.15 800 800
-------------------------------- Ln (Q*/Q)r---——mmemomomme e
Oxyge Carbon Oxygen Carbo
He%gwggic 0.25382  0.20046  0.04739  0.04098
Zeropoint _ -0.00331 -0.00327 -0.00113 -0.00112
anharmonic
Excited-level 000010 000012  0.00025  0.00028
anharmonic
Total 0.25061  0.19732  0.04651  0.04014

The excited-level anharmonic correction is of the
same order. of magr?ltude as the presently attainaple
accuracy with which carbon and oxygen isotopic ratios
may be’measured in Ina,ss spectromg ers.

2 sotigs.  Iranslations In solids are insignificant
and rotations are normally absent or of a restricted
nature. The restricted nature of the rotations makes it
Rossmle_ to treat them in_this type of calculation as

armonic oscillationss The vibrational modes in

(4) M. Dole, “Introduction to Statistical Thermodynamics/*
Prentice-Hall, Inc., Englewood Cliffs, N. J., 1954.

(5) J. Bigeleisen, J. Chem. Phys., 34, 1485 (1961).

(6) J. Bigeleisen, ibid., 23, 2264 (1955).

(7) G. Vojta, Ann. Physik, 7, 397 (1961).

(8) W. H. Stockmayer, J. Chem. Phys., 27, 321 (1957).
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Table I1: Reduced Partition-Function Ratios for Carbon Dioxide, Calcite, and Water Vapor

Tem Oxyge Carbon
o Ve (0FQ)r in (OO
0 0.12530 0.19732
25 0.11108 0.17558
50 0.09919 0.15746
75 0.08913 0.14215
100 0.08053 0.12908
125 0.07311 0.11779
150 0.06666 0.10797
175 0.06102 0.09936
200 0.05606 0.09175
225 0.05167 0.08450
250 0.04777 0.07897
215 0.04429 0.07356
300 0.04116 0.06868
325 0.03835 0.06427
350 0.03581 0.06027
315 0.03351 0.05662
400 0.03141 0.05329
425 0.02951 0.05024
450 0.02776 0.04744
475 0.02617 0.04487
500 0.02470 0.04249
525 0.02335 0.04030
550 0.02211 0.03827
575 0.02096 0.03638
600 0.01989 0.03463

Oxygen
V* In (Q*/Q)r

0.11404
0.09915
0.08693
0.07677
0.06824
0.06100
0.05482
0.04949
0.04486
0.04083
0.03729
0.03417
0.03140
0.02894
0.02673
0.02476
0.02298
0.02137
0.01992
0.01859
0.01739
0.01628
0.01527
0.01435
0.01349

Calcite—

n QIO

0.21029
0.18570
0.16519
0.14787
0.13312
0.12044
0.10947
0.09990
0.09152
0.08414
0.07760
0.07179
0.06660
0.06200
0.05777
0.05400
0.05059
0.04749
0.04467
0.04209
0.03974
0.03758
0.03560
0.03377
0.03208

Y. Bottinga

Water vapor
Ox n
in Q)
0.06822
0.06164
0.05608
0.05132
0.04721
0.04362
0.04046
0.03755
0.03516
0.03292
0.03090
0.02907
0.02740
0.02588
0.02449
0.02321
0.02203
0.02093
0.01992
0.01898
0.01811
0.01729
0.01653
0.01582
0.01515

calcite may be subdivided into external and internal
modes,  The.external modes are the. modes of the two-
particle (calcium ion and carbonate ion) calcite lattice
while the modes of the carbonate 1on are the internal
ones.  The external. moaes may be further subdiviged
Into acoustical, optical, and liorational modes.  Cal-
cium fons and carbonate tons vibrate i phase in the
acoustical modes and out of phase In the optical modes,
Tr%et_llbratlonal modes correspond to the restricted
rotations.

The contribution of the acoustical vibrations of the
calcite lattice to the partition-function ratio has been
evaluated by means of Debye functions.  Optical and
ItJbratjonaI modes ﬁre treated _b¥ means of Einstein
unctions. Since there IS no information on anhar-
monicity of the calcite spectrum, observed funda-
mentals’ were used. instead qf zero-order frequencies,
and no anharmonic _corrections were applied. The
partition function-ratio for calcite become

N Qo) = E{(«i - «/)l) +
e /(I - e"™)]} a, +

Inw -
E{BWa- «*)ls) + N0 - e-wys
(1- e-um1+ DU - DY & (o)
D(ut) = (I/ut)3)  x3 dx/(ex _1)

Where ; is the running index for the internal, optical,
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and librational modes, and i indexes the acoustic modes.
Table 11 gives some values of the ferms cont_rlbutln_g
to the natural logarithm of the partition-function rati

for calcite and shows clearl}q that the lattice vibrations
contribute significantly to the partition-function ratio.1

Table 111:_ Contributions to Calcite
Partition-Function Ratios

273 273 800 800

Oxygen Carbon Oxygen Carbon

Oqticalland rota-  0.30318 0.02154 0.27282 0.01957

1ona

Acoustic 0.04810 0.00741 0.04730 0.00729

Ingegﬂgll vibra- 052209 0.30179 0.25973  0.13101
|

1. Frequencies and Isotope Frequency Shifts

1. carbon Dioxide, . 1118 (egree of success of t
calculations presented in this paper depends critica
on the quality of the available Spectral data. Exact
vibrational constants are known' for carbon dioxice.
The constants_used in this paper were measured by
Courtoy s These constants’ were also used by

—

e
Y

D DD —

(9) C. P. Courtoy, Can. J. P hys35, 608 (1957).
(10) C. P. Courtoy, Ann. Soc. Sci. Bruxelles, 75, 5 (1959).
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Stull, et a1..22 0 calculate vibrational energy levels of
the carbon dioxide.molecule; their calculations showed
good a%reement with observed values, Courtoy mea-
sured the constants for Ci.0 « and for C.0 & The
Cuo 2 frequencies were calculated from the Cil i

frequencies by means of the relations
wi*/aii = (m]ﬁmlg) 2
aii*/an = {[m16(1 + 2?ral8m 12)]/[m 181 + 2mlEm 12)]}'/!

0>3*/1)3 = QR*/0)2

where @l o and mss stand, respectively, for the
?g?g?i|gnmasses of C O% and OB The’ empirical

Xtj* = XtjOli*a)j*/aiifi}j

was used to calculate the anharmonicity constants for
Cwo . The C0. vibrational constants used In this
paper are listed in Table IV, The isotopic frequency
shifts are equal to the ones listed by Urey.a

Table IV: co2vibrational Constants

Obsd Obsd Calcd
CIom CI0i62 Choisi,
Constant cm-1 cm-1 cm-1

01} 135491 135491 1277.25
™ 673.00 653.81 662.70
0)3 2396.49 2328.22 2359.81
Xn -3.75 -3.75 -3.33
X22 '063 '064 '061
Xas -12.63 -11.85 -12.25
X1 3.65 3.50 3.39
13 -12.53 -11.75 -12.15
Xis -19.37 -18.89 -17.98

water. |N Previous calculationsz.s of partition-

2.

function ratios of R over HO B the water zero-
order frequencies listed by Herzberg. were used.
Recently, the vibratignal constants for H:0 « have been
remeasuired by Benedict e ar.w  PInchas, e ar.n have
measured thé observed fundamentals of D20]£?_|but
ther% are apparently no measurements of the Hz0s
spectrum.

pUreg/z has calculated the HA s vibrational constants
by as umln? a valence force field. However, these
frequencies fead to pogr agreement between calculated
and’ observed oxygen Isotope fractionation in the sys-
tem calcite-watef and, more significantly, in the
sKstem carbon dioxice-water. Table V ‘Shows for
the latter system the difference between Urey’s cal-
culated. fractionation factor and the observed one.
This difference 15 mainly due to Urey’s water fre-
uencies, since his carbon dioxide frequen% shifts are
the same as the ones In Table 1V. " Gor Pertz and
Orville-Thomasss used a quadratic potential function
to calculate H:0 s frequencies from H)  data.  Em-

803

ploying their calculated isotope shifts, ong obtains
results even worse than for Urey’s isotope shifts.

Table V: Oxygen Isotopic Fractionation
between Carbon dioxide-Water and Calcite-Water

Temp, 1000
System °C Inao Remarks

Calcite-water 0 34.4 ab
Calcite-water 0 25.0 c
Calcite-water 0 34.4 d
Calcite-water 25 28.1 ab
Calcite-water 25 20.3 c
Calcite-water 25 28.2 d
Carbon dioxide-water 25 39.9 e
Carbon dioxide-water 25 39.9 1
Carbon dioxide-water 25 40.9 g
Carbon dioxide-water 25 415 h
Carbon dioxide-water 25 '37.4 i
Carbon dioxide-water 25 40.1 d

aThese data were taken from H. Craig (in press), who fitted
a curve to the experimental data of Epstein, et al., after these
data were corrected for effects listed by Craig, [Geochim. Cosmo-
chim. Acta, 12, 133 (1957)]. bMeasured: S. Epstein, R. Buchs-
baum, H. A. Lowenstan, and H. C. Urey, Bull. Geol. Soc. Amer.,
64, 1315 (1953). OCalculated: see ref 3. d Calculated: this
paper. ‘ Measured: W. Compston and S. Epstein, Trans.
Amer. Geophys. Union, 39. 511 (1958). 1 Measured: J. R.
O'Neil and S. Epstein, J. Geophys. Res., 71, 4955 (1966). ° Mea-
sured: M. Majzoub, J. Chim. Phys., 563 (1966). h Measured:
D. Staschewski, Ber. Bunsenges Phys. Chem., 68, 454 (1964).
' Calculated: see ref 2.

Khachkuruzovz has rea_nalyze_d the published data
on the spectrum of water, including the measurements
made by Benedict, e ah.. and deduced a new set of
vibrational constants for H) . and H:0 8 These
constants have been used in thi p,aﬁer; they are
tabulated in Table VI and compared with the conStants
determined by various other authors.  (When this paper
was submitted, one of the reviewers drew my attention
to the recent treatment of the water molecule by D.
PapouSek and J. Pliva con. czech. chem. comm.,
29:1973 (1964)], which appears to give ery accurate
force constants for several triatomic molecules, They
obtained zero-order frequencies for HA) and the deu-
teriated water molecules which do not differ greatly

(11) V. R. Stull, P. J. Wyatt, and G. N. Plass, J. Chem. Phys., 37,
1442 (1962).

(12) G. Herzberg, “Molecular Spectra and Molecular Structure,”
Vol. Il, D. Van Nostrand Co. Inc., Princeton, N. J., 1945,

(13) S. C. Saxena, D. V. Batnagar, and S. Ramaswamy, J. Chem.
Eng. Data, 7, 240 (1962).

(14) W. S. Benedict, N. Gailar, and E. K. Plyler, J. Chem. Phys.,
24, 1139 (1956).

(15) S. Pinchas, M. Halmann, and B. P. Stoicheff, ibid., 31, 1692
(1959).

(16) G. Gompertz and W. J. Orville-Thomas, J. Phys. Chem., 63
1331 (1959).

(17) G. A. Khachkuruzov, Gosudarst, Inst. Prikl. Khim., 42, 109
(1959).
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Table VI Comparison of Vibrational Constants for Water Vapor
Hzlﬁcm-l 'Hzl&cm-l-
a b a d 6
@ 3835.37 3832.17 3825.32 3827.59 3815.5 3804.8
ar 1647.59 1648.47 1653.91 1640.62 1647.8 1635.9
(0] 3938.74 3942.53 3935.59 3922.69 39194 3905.8
Xn -45.18 -42.576 -43.89 -45.00 -43.66
Xn -15.14 -15.933 -20.02 -15.06 -19.89
X3 -165.48 -165.824 -155.06 -164.47 -154.03
X2 -17.04 -16.813 -19.5 -16.90 -19.36
XZ -19.99 -20.332 -19.81 -19.82 -19.66
Xn -44.62 -47.566 -46.37 -44.26 -45.99

Khachkuruzov. 7 6Benedict, et al. 4 5Herzberg.2 JUrey.2 *Gompertz and Orville-Thomas. The Kachkuruzov data were

used in the present calculations.

from the values of Khachkuruzov, but they made no
calculations for H) 1)

3. . calite. Various partial sets of calcite lattice

vibrations have been published. Quantitative analy-
sis Qf these data IS rather rare. In this, lPaPer the
calcite vibrational model developed by Giulotto and
Loingers has been adopted.. These authors solved
the vibration problem for a single unit cell of calcite
containing two molecules of CaCO3  One uni cell con-
taining ten Partmles_ should have 30 degrees of freedom.
In thé Giulotto-Loinger model thereare ten optical
and librational modes; of which five are doubly degen-
erate, and two acoustical modes, the transverse one
being degenerate, Hence the external modes account
for 18 dégrees of freedom. The re_malnln? iV de(Tlrees
of freedom are taken up by the Internal vibrations.
The carbonate fon has four modes, of which two
are doubly degenerate. By assuming that the unit
cell 1s the’ vibrational unit in the calcite lattice, Giu-
lotto and Loinger could also, calculate the acoustical
frequencies for the calcite lattice. ~ From the equations
(C;we_n by these authors, the external _frequencies of
alcite were calculated and are given in Table VII.

Because the carbon isotope shift is rather small, the
frequencies were calculated to_four figures; this dloes
not |ng=¥ that these frequencies are accurate to four
significant figures. _In the owgen case, only three
figures were Used.  Table 111 shows that the variation
with, temperature of the lattice contribution to the
artition-function ratio i, relatively small. The rea-
on for this Is that the lattice modes are already excited
f0 a large extent at room temperature. The"internal
freqfuenmes are much larger than the external ones and
far from totally excited “at room temperature. _Thez
are mainly responsible for the temperature variatio
of the partition-function ratio. Hence the absolute
magnitudes, as well as the isotope shifts, are of prime
Importance in the case of the internal  frequencies
while n the case of the external frequencies, the exact
magnitude of the frequencies 1S less important than
the magnitude of the isotope shifts,
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Table VII:  External Frequencies of Calcite

Obsd. Ca Calcd

Caled Icd
CaCOi, CaC Bai CaCl® CaCl IR Degen-
cm-1 cm*l cml cm-1 erdcy
282" 282.2 266 281.9 2
155¢ 155.1 147 154.0 2
357 397.2 388 396.0 1
106 106.1 100 106.1 1
330 345.3 334 344.9 2
106“ 1109 111 110.6 2
256.5 249 256.1 2
269.1 255 267.4 1
99.1 94 98.9 1
294.6 295 294.6 1
104.3 101 103.8 2C
142.1 137 1414 I

“ Assumed in the original calculation by Giulotto and Loinger.B
6These frequencies were also calculated by Giulotto and Loinger;
their results differ slightly from the ones reported here. ¢ Acous-
tical modes.

. Table VIII gives a sample of the various sets of
internal frequericies of the carbonate ion in the calcite
lattice which have been published since 1955,  Calcu-
lations were carried qut using both the set quoted by
Hextero and that %lven by~ Schroeder, et aio The
|atter set gave slightly bettér results, and the. calcula-
tions reported in this paper have. been done with these
frequencies. Internal frequencies for CaCls or
CaC05 have not yet been measured. Uregz attributes
a set of frequencies fO( CO®R- to Hibben. This
statement IS pre_sumabx a misprint, since Urey.
outlines the way In which he himself estimated these
frequencies,  Beckmann, et a1z have calculated n. ve,
and i for C:20 B and for CL8 82-; their calculation

(18) L. Giulotto and A. Loinger, Nuovo Cimento, 8, 475 (1951).
(19) R. M. Hexter, Spedrochim. Acta, 10, 281 (1958).

(20) R. A. Schro%%(j&, C. E. Wier, and E. R. Lippincott, J. Res.
Nat. Bur. Stand., , 407 (1962).

(21) L. Beckmann, L. Gutjahr, and R. Mecke, Spedrochim. Acta,
21, 141 (1965).
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Table VIII: Carbonate lon Frequencies in the Calcite Lattice
R \

cm-1 crrFlz-l crrFﬁl cm 1 Ref

1083 874,855 1467 713,700 a

1087 881 1432 712 b

1087 869 1432 714 c

1070 881 1460 712 d
860 1430 712 e

1S. D. Ross and J. Goldsmith, Spectrochim. Acta, 2, 781
(1964). 6C. E. Weir and E. R. Lippincott, J. Res. Nat. Bur.
Stand., 65A, 173 (1961). cSee ref 19. dSeeref 20. *J. Louis-
fert, Compt. Rend., 241, 940 (1955).

Is based on an educated quess for one of the necessary
force copstants. Decius2 has_observed the 12 fré-
quency for CIDZ* and for C2 in calcite; the
res e(%tﬁ\_/e values t\f\]/er? 877.7 and 8?0ﬂc]m-(1:. i
IS paper the frequencies of the a
M%is?z- cgr onate ions ?Tabﬁe IX) were cgi{c)u%téd By
means of the orbital-valence force field proposed by
Heath and. Linnett3 using a set of force constants
calculated from the frequencies given by Schroeger,
et alw 1Ne calculated force_constants “were rather
similar to those derived by Janz and Mikawa2i by
means of a Urey-Bradley field-type potential. 1t was
assumed that the coupling between the internal and
external frequencies is_ inignificant in calcite.  This
assumption can be justified On an a -priori baSIS by the
fact that the observed fundamentals of carbonate ion
In aqueous solution are very similar to those .of the
carbonate jon in the calcite fattice 3 The CIisotope
shift calculated for the second fundamental, 27.6 cm-1,
aﬁree_s with the value 27.7 cm-1 observed by Decius,
S owm% that in this case the isotopic frequency shift is
unaffected by the external modes, as assumed.

Table IX: Internal Frequencies of Isotopic Calcite Species
Qbsd Calcd Calcd
CaC B CaClD 183 CaCl01BB
Freq cm-1 cm-: cm-1
v\ 1070 1008.67 1070.00
va 881 §71.13 853.38
vz 1460 1436.15 1419.74
N 712 674.69 709.24

All effects of anharmonicity in calcite have to be
neglected because of lack of ‘Information. However,
these effects are, to a certain extent, jncluded implicitly
by the use of ohserved fundamentals instead of zerc-
order frequencies for all modes. Moreover the calcite
frequencies are generally lower than those of C02and
HA), and thus the anharmonicity effects should be less
significant than for the latter two molecules.
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Figure 1. Calculated curves for oxygen and carbon

isotope fractionation between C02and calcite. The
experimental points were measured by: J. C. Vogel, as quoted
by R. O. Rye in his Ph.D. dissertation, Princeton University,
Princeton, 1965 (carbon, A); P. Baertschi [Schweiz.

Mineral. Petrog. Mitt., 37, 73 (1957)] (carbon, B);

D. A. Northrop and R. N. Clayton [./. Geol, 74,

174 (1966)] (carbon, C); O’Neil and Epstein (oxygen).

IV. Results

1 carbon Dioxide-caleite.  Calculated fraction-
ation factors for C02CaCQ3 exchange are compared
with experimental results of O'Neil and Epstein on
OXygen Isotope exchange in Table X and with _ex?erl-
mental data_of various authors on carbon isotope
exchange in Table XI.  These comparisons are sum-
marized. in _F|%ure_ 1, which shows that the present
calculation is Consistent with the experimental data
over a large temperature range.  The results for oxygen
exchange are close tP the ex erlmeBtaI uncertainty of
+(.2; “experimental data on_carbon excl an?e are
less precise and, the errors are difficult to estimate, but
there is no Indication of a systematic ifference from
the calculated values. The” fractionation factor for
oxygen exhibits a maximum near 348°K, and for
carbon there 1S a maximum near 733°K. In carbon

(22) J. C. Decius, J. Chem. Phys., 22, 1946 (1954).

(23) D. F. Heath and J. W. Linnett, Trans. Faraday Soc., 44, 873
(1948).

(24) G. J. Janz and Y. Mikawa, J. Mol. Spectrosc., 1, 92 (1960).
(25) J. R. O’'Neil and S. Epstein, Science, 152, 198 (1966).
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isotope exchange there is a crossover at 465°K.  The
cross-over point for oxygen exchange is below room
temperature.

Table x: Fractionation Factors for Oxygen Exchange
between Carbon Dioxide and Calcite

Temp, Calcd Measured®
°K 1000 In a0 1000 In a0
298.15 119 114
623.15 9.1 8.9
673.15 8.4 8.2
793.15 7.1 7.0
883.15 6.3 6.4

° O’'Neil and Epstein;5experimental error is +0.2.

Table x1: Fractionation Factors for Carbon Exchange
between Carbon Dioxide and Calcite

Temp, Calcd M easured Measured
°K 1000 In ac 1000 In ac by
293 -10.7 -9.3+05 a
298 -10.1 -10.0 h
323 1.7 -8.4+05 a
336 -6.6 -8.0 h
573 +2.1 + 1.7 c
673 +2.7 +3.0 c

“J. C. Vogel, as quoted by R. O. Rye in his Ph.D. Disserta-
tion, Princeton University, Princeton, N. J., 1965. 6 P.
Baertschi, Schweiz. Mineral. Petrog. Mitt., 37, 73 (1957). cD.
A. Northrop and R. N. Clayton, J. Geol., 74, 174 (1966).

The calculated reduced partition-function ratios are
tabulated vs. temperature in Table [I.  Fractionation
%cl}gtrlso n(;al(:ulate from these ratios were fit to the

1000Ina=a+ (g/7)+ (CITD 7
giving for oxygen
1000 Ina0 = -3.2798 +

(L0611 X 1ovT) - (18034 X 106T2 (8)
and for carbon
1000 In ac = —2.4612 +

(7.6663 X 103T) - (29880 X 106T2 (9

Least-s% are_fits to equations using only the first
and second or first and third terms of &g 7 Were found
t e Inferior to eq 8. For example, using an equation

of the type
1000Ina=a+ (CIT2 (10)

to fit the calculated fractionation factors for oxygen
values of 1000 In a0 which differ from the actual”Cal-
culated values by —0.5 at 0°, by +2.1 at 200°, and
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by +0.4 at 500°. The corresponding differences for
eq 8 are only +0.1, +0.1, and +0:1, respectively.
For carbon, & least-squares fit to eq 10 differs from the
actual calculated values by —2.0, +1.3, and +0.7 at

, 200, and 500°, compared to differences of —L5,
0.2, and 0.3 obtained from eq 9. N

2. . Water-Carhon, Dioxide-Calcite. |, The partltlon-
function ratio for liquid water was obtained by multi-
P mg partition-function ratio for water vapor (calcu-
ated Tromeq 5) with the fractionation factor for oxygen
exchange between water and water vapor.6Z Theé Va-
Por ressure ratio of HA) 16:HZ) B which is closely rela-
ed to the fractionation factor, has heen remeasured re-
cently.BD The data of ref 26, 27, and 29 agree with
each other to within the experimental error; they were
Preferre,d for this reason. Horibe and CraigZ have fif-
ed their data and_ those of Baertschi and “Thiirkaut
to the equation: 1000 In av = (1,015 X 106 T2—2.30
where av.is the 0 80 Bratio_in the liquid divided by
the ratio in the vapor at equilibrium).” In this ager
1000 In av Was taken to be 115 at 0° and 9.3 af 25°;
these values were obtained by fitting a second-deﬁ_r_ee
olynominal in 1+ to the dafa of Bagrtschi and Thiir-

auf, and Horibe and Cra|g. o

The observed oxygen-fractionation factors are com-
pared in Table V Vinth the values calculated in this
paper and by Urey2and McCrea.3 The calcite-water
calculation 15 seen’to be considerably improved by the
i)resent model.  (If the values of 115 and 9.3 for"1000
N ay, Obtained as described_above, are used In the
previous calculations cited in Table V, the discrepancy
In their_calculated values increases by 13 and 0.5 at
25and 0°, respectively.)

V. Discussion

A Drief discussion follows of the calculations b
Urey2and McCrea3whose results are given in Table Y.
Urey calculated ioeal-gas partition-function ratios for
the “free carbonate ion and used these for the solid.
The i and r2frequency shifts are readily obtained and
his values agree with those calculated here. . How-
ever, his treatment of the s and  frequencies re-
quires more information than Is available from spec-
troscopic data because there are more unknowns than
equations.  Following asuggestlon of Teller and Mayer,
Urey, therefore, estimated” the frequency shifts” for
caron and oxypen by choosing three valugs for the v
carbon shift, calculating the mtarbon and both oxygen
|?]0t0p|c shifts rﬁ uire b% his set of ? uations, “and
then' selecting the resulting partition-function ratios

(26) P. Baertschi and M. Thtlrkauf, Helv. Chim. Acta, 43, 80 (1960).

(27) Y. Horibe and H. Craig, unpublished data; measurement
quoted in H. Craig, etal., J. Geophys. Res., 68, 5079 (1963).

(28) O. V. Uvarov, N. M. Sokolov, and N. M. Zavoronkov, Kern-
energie, 5, 323 (1962).

(29) M. Szapiro, Ph.D. Dissertation, The Weizmann Institute of
Science, Rehovoth, Israel, 1966.
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which gave the best agreement for CCk-CaCCF and
CaC03HD fractionation with geochemical . data.
CraigDhag shown that the geochemiical carbon isotope
data Wwere incorrect for carbon dioxide.and has pointed
out that the partition-function ratios tabulated in
column 8 of Urey’s Table XV/| are considerably better
than thosg in column 7 which Urey chose.d Fre-
quency shifts from Ur(a/’s column 8 data for both car-
bon and_ oxygen r3and i frequencies agree within 1
ch6|1 \llgl(th fhe frequency shifts calculated here in
able |X.

McCrea's3 treatment_ assumes that the rotational
contribution to the partition-function ratio of calcite is
equal to the translational contribution and uses
optical and librational frequencies which differ from
the. ones_used In this paper. He assumed that the
optical, librational, and acoustical modes were triply
degenerate. McCrea took the acoustical cut-off re-
cwency from the work of Anderson.2 who measured
the specific heat of calcite and deduced Debye and
Einstein temperatures. However, Anderson’s” lowest
specific heat measurement was near 50°K, which is too
h|(11h_ 0 determine the acoustical cut-off frequency for
calcite.  McCrea used the carbonate ion frequency
shifts estimated by Urey, as discussed above, and
calculated isotopic ‘shifts ‘in the external modes by a
somewnat ad noc procedure, However, the major
factor influencing the large difference in his results and
the present ones s his assumption about the rotational
contribution in calcite. | o

Tables VI and VIII illustrate, in a limited way, the
variety of spectral information available; moreover,
there are in the literature various partial sets of lattice
frequencies for calcite amonP others: Hexter,9 and
Schroeder, et ario,  The quality of these data Is hard
to judoe.  The 36-cm_1 librational frequency deduced
bty) Schiroedler, e: ar., disagrees, markedly with“the avail-
able low-temperature specific-neat data. for calcite,
\With @ large. choice of input information, it IS not par-
ticularly ditficult to calculate a fractionation factor for
a given exchange reactjon at a given temperature which
virtually coincices with the 0bserved factor. . How-
ever, the calculations presented here agree with the
experimental data over a large temperature interval
and the calculated results are consistent with the pos-
sible fr?ctmnaélons amonfqr the three pairs of phases,
The calculated oxygen fractionation In the system
carbon dioxide-water is close to the avera(t;e of the
recently measured values of this quantity at 25°, the
onlf( temperature for which data are avaifable.

he agreement between calculated and observed
OXygen ISotope fractionation factors in the system
calCite-water 1S _poorer than for the other systems
treated. This is especially noticeable at “higher
temperatures where the valugs ¢f 1000 In a0 measiired
bﬁ/ layton3 are consistently larger b
than the ones calculated heré and"obtainable from the

by about 2 °/M
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data of Table X1].  Possible causes of this discrepancy
are the uncertainty in. the vibrational constants of
HA) Band the nonideality of water vapor. A mean-
Ingful comparison hetween the observed and calculated
hg%h-temperature fractionation factors in this system s
difficult ‘pecause of the uncertainty of the” oxygen
fractionation between water and “water vapor ~at
temperatures above 100c. Of course, above the critical
temperature of water, this fractionation becomes unlg,
but'in the hligh-temperature exchange experiments
0.5 m NIUCT solution was used instead of pure water
and the critical temperature of this solution is not
known.  The work by Sourlrag]an and Kennedy3 on
NaCl solutions suggests that the critical temperature
of the solutions Clayton used will be higher than 374°.
_At high temperaures the anharmonicity of the cal-
cite frequencies will become Important, «and the parti-
tion-function. ratio will approach unity faster than in
the _harmonic approximation. Therefore, the_ reli-
ability of the_calculations involving calcite will be
decreased at high temBeratures. _ O’ the other hand,
the calculations’ may be used with confidence at low
temperatures, wheré it may be impossible to obtain
expr rimental results, _ » ,
[he present calculation for calcite partition-function
ratios Includes three. principal assumptions: e
harmonic approximation, required by lack of data; (2)f
that coupling between internal and external modes ¢
vibration does not significantly affect. the isotopic
frequency shifts, and (3) statistical distribution of OB
among the |sotop|callr different calcite unit cells. The
agreement between calculated and observed fractionation
factors shows that no serious errors are introduced b
these assumptions for carbon and oxygen exchange in thie
carbon dioxide-water-calcite system. The agreement
for oxygen excnange between water and carbon dioxide
I of special interest because of recent indications that
the harmoni¢ approximation for the molecules HA)-
0 %lves better a(t;reement with observed data
than the anharmonic treatment. -8 The anharmonic
correction for oxy%en exchange between carbon dioxide
and water amounits to only 1 ppt at 25°, and thus s
barely significant. However, the anharmonjc cal-
8ultat|0n toes agree better with the experimental
ata,
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Reactions of the Primary Reducing Species in the

Radiolysis of Liquid 2-Propanoll

by J. C. Russell and G. R. Freeman

Chemistry Depatrment, University of Alberta, Edmonton, Alberta, Canada (Received June 26, 1967)

A study has been made of the effects of temperature, acid, and nitrous oxide on the yield
of hydrogen in the radiolysis of 2-propanol. ~ The yields of free-ion solvateq electrons and
those that undergo geminate neutralization have been calculated to be G(e-sovn = 1.2
(at 25°) and G(geminate neutralization) = 2.8 (at 25°). The fate of a portion of the
electron yield equivalent to Glesav-) = 19 Is temperature dependent. ~ At low tem-
peratures, there is no hydrogen Produced from this portion of the solvated electron yield.
At temperatures above 140°, all of these electrons give rise to hydrogen. The results
of electron; scavenging reactions by nitrous oxide have been tested against a nonhomo-
geneous kinetics mechanism, with moderate success. Secondary reactions involving

nitrous oxide groduce large yields of nitrogen at high temperatures and high nitrous oxide

concentration

Introduction

The radiolysis of the higher aliphatic alcohols hag
not been studied in the same detail as has that of
methanol and ethanol. The radiolysis of ethanol
exhibits a number of unusual features.Z3 A study of
the primary reducing . species in the radiolysis of 2-
propanol should aid™in’ understanding poth ethanol
radiolysis and alcohol radiolysis in general.

Shermand has suggested that in -Propanol at room
temperature, G(esav) = 25 and that the free-ion
X\leld, Glesav~)n =709. He reported G(H) = 40,
cs)nse%uierzlce of the suggested mechanism' is that

GH
itrous oxide in_ water is known to react with hy-
drated electrons with a hlgh specific rate (f +
ND) = 7 X 109M-1 sec-r).6 Nitrous oxide reacts
much_more slowl%wnh hydrogen atoms In water (f(H
+ N2) = 2 X 106M-1 sec-1].7 2-Propanol would be
expected to react rapidly with hydrogen atoms, S
attack of the atoms on thé nitrous oxide'Is probably of
no consequence In propanol solvent,
Changing the temperature over a wide range causes

large chianges in the properties of a liquid stch as 2-

The Journal of Physical Chemistry

Propanol. The dielectric constant is particularly
emperature dependent.  Thus the present experiments
were conducted over as wide a temperature range as was
practicable.

Experimental Section

‘Most of the experimental methods used were identical
with those used in an earlier study of the primary reduc-
Ing species In ethanol.2 All samples were irfadiated
with &Co y radiation. o

In the present work, some irradiations were per-
formed at”higher temperatures than those used pre-
viously.2 Above 150°, the vapor pressure of 2-pro-

(1) This work received financial support from the National Research
Council of Canada.

(2) J. C. Russell and G. R. Freeman, J. Phys. Chem., 71, 755 (1967).
(3) J. C. Russell and G. R. Freeman, ibid., 72, 816 (1968).
(4) W. V. Sherman, ibid., 70, 667 (1966).

(5) F. S. Dainton and D. B. Peterson, Proc. Roy. Soc. (London),
A267, 433 (1962).

(6) S. Gordon, E. J. Hart, M. S. Matheson, J. Rabani, and J. K.
Thomas, Discussions Faraday Soc., 36, 193 (1963).

(7) F.S. Dainton and D. C. Walker, Proc. Roy. Soc. (London), A285,
339 (1965).
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Panol rapidly exceeds that which may be contained by
he glass célls used. The samples irradiated above
150°"were placed in the usual ‘glass cells in a steel
pressure vessel partially filled With 2-propanols The
pressure vessel was placed in a small electrically heated
oven and warmed to the desired temperature,”allowed
to equilibrate, and then irradiated. "The temperature
was measured with an indicating pyrometer which was
calibrated against a mercury thérmometer. .

The design of the pressure vessel is shown in Figure 1
The walls Were made as thin s practicable to minimize
attenuation of the - radiation. The vessel was
machined from a bar of SPS-245 steel and heat treated
to Rockwell C-30. The estimated bursting pressure
of the vessel was approximately 650 atm before heat
treatment and 1350 atm after"heat treatment. The
vessel was pressure tested on a hydraulic pressure system
to 300 atm before use, Lead was found to be the most
suitable gasket material, as a good seal is formed with-
out the application of hl?h force throu%h the screws In
the head, and lead is nof affected by Temperature or
radiation under the experimental conditions,

The 2-propanol which partially fills the pressure
vesse] exerts Its vapor pressure on the glass sample cell,
equalizing the interior and exterior pressures. 'Thus a
?Iass cell'may be used at very high over-all pressures,

t was found to be necessary t0 flush the pressure vessel
with nitrogen gas before closing it. At high, tempera-
tures and presstires, oxygen.in the entrapped air oxidizes
the alcohol, and the resulting acid rapidly attacks the
steel.  The vessel could be constructed from stainless
steel, but this would require a greater wall thickness for
the_same strength. _

The anaysm for 2-chloropropane was made using
techniques described elsewhere , o

Reagent grade 2- rQPanoI from Fisher Scientific
Company, was treateq with 2 4-dinitrophenylhydrazine,
bg apreviously described technique,. in ordgr to remove
carbonyl impurities. 1t was then thoroughly dePassed
and stored under vacuum in a Pyrex vessel. = All"other
materials were as previously described -

Results

The yield of h%/drogen from_pure 2-propanol as a
fL]gnlctE_:ogl( 0{ éiose \/a/ 2|5°ths shp\%n in FEulr_Jeaz. ﬁ\t a dose
of 1. v eVIml, the yield was (?(H2 = 45.
other experiments were pe)llfforme a thIS dose, and a"
ewaqllmrﬁings were performed at a dose rate of 45 X 10s
e

Between —85 and 140°, the hydrogen yield increase
roughly_linearly with temperaturé from o(IL) =
3'6ft?t #5 nghe,r temﬁjeraFtures, éj to 225°; caused
no_further increase n yield (Figure 3).

THe addition 0? hy%rogerg chloride caused different
effects at different temperatures. Addition of acid at
—85° caused G(H2 to increase from 3.6 to 5.1 at

[(CHs)ZCHOH2+j = 0.03 m, and it did not appear to
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Figure 1. Steel pressure cell used for high-temperature
irradiations. The diagram is drawn to scale and the inside
diameter of the steel pressure cell is 5.1 cm.

Figure 2. The yield of hydrogen as a function of dose at 25°
and a dose rate of 4.5 X 10T7eV/ml min.

have reached a maximum 6F|§1ure 48 At 25°, G(H%
Incregsed from4.5t0 5.3 at 0.03 m (CH:).CHOH2+ an
also did not appear to have reached a maximum (Figure
b). At 140°, GEH = h5, Inclependent of acid Con-
centratlon_glflgu es). Above 150°, addition of hI%h
concentration “of hydrogen chloride caused G(H2 1o
decrease by as much a$ L1 units at 14 m acid ‘and
180° (Figures [ and s). ~ At these hlghher temperatures,
addition”of a low. concentration of_hydrogen chloride
caused no change in G(H2 (Figures 7 and s).

(8) The authors are indebted to Dr. T. J. Hardwick for suggesting
the principle of this technique.
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G{Hi)

Figure 3. The yield of hydrogen as a function of
temperature: dose = 15 X 1017eV/ml.

g(n2*h2)

g(h2)

Figure 4. The effect of hydrogen chloride and nitrous oxide
concentration at —85°: +, N2in the presence of nitrous
oxide; ®, N2yields which required correction for
secondary reaction: 0, (N2+ H2 in the presence

of nitrous oxide; and O, H2in the presence of hydrogen
chloride (this line has been extrapolated as

discussed in the text).

(e

g (h2)

Figure 5. The effect of hydrogen chloride and nitrous oxide
concentration at 25°: +, N2in the presence of nitrous
oxide; ©, N2yields which required correction for

secondary reaction; O, (N2+ H2 in the presence of
nitrous oxide; and O, H2in the presence of hydrogen
chloride (this line has been extrapolated as

discussed in the text).

The concentration of hydrogen chloride in the
samples was computed assurning that all the hydrogen
chloride was dissolved in the propanol. - The dissoci-
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G(N2»H2)

Figure 6. The effect of hydrogen chloride and nitrous oxide
concentration at 140°: +, N2in the presence of nitrous
oxide; ©, N2yields which required correction for
secondary reaction; O, (N2 + H2) in the presence

of nitrous oxide; O, H2 in the presence

of hydrogen chloride.

Figure 7. The yield of hydrogen at 180° as a function of
added hydrogen chloride.

Figure 8. The yield of hydrogen in the presence of added
hydrogen chloride as a function of temperaure: +,1.4 M;
and O, 4 X 10“4M hydrogen chloride.

ation constant « aes = 4 X 10 4 for hydro?en chloride
In Zga_ropanol was calculated from the value « da =
0.015 In et_ha_nol,usm% an eﬂuatlon that relates the

acid dissociation constant to the dielectric constant of

9) (a) I. I. Bezmann and F. H. Nerhock, J. Am. Chem. Soc., 67,
1330 (1945); (b) I. M. Kolthoff and S. Bruckenstein in “Treatise
on Analytical Chemistry,” Part I, Vol. 1, I. M. Kolthoff, P. J.
Elving, and E. B. Sandell, Ed., Interscience Encyclopedia, Inc.,
New York, N. Y., 1959, Chapter 13, p 488.
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Figure 9. The yield of hydrogen as a function of nitrous
oxide concentration: 0O, 140°; o, 25°; and +, —85°.

the medium 3 _The concentrations of CH%ZCHOH2+
for the data in Figures 4-6 _have been calculated assum-
Ing this valug of kaisse The dissociation constants of
weak acids in water and in aqueous-organic mixed
solvents do not change rapidly with temperature,
Furthermore, some dissociation constants increase and
others decrease with mcreasm? temperature.D It is
therefore, assumed, for lack of anything hetter, that
K = 4 X 10 4 for h¥dr0gen chloride in 2-propanal,
independent of mperature
Because of the .decrease in G(H) found at high
temperatures and high acid concentration, and a simifar
effect found in_ethanol accompanied b formatlon of
ethyl chloride,3 samples were analyzed for 20 0ro-
propane. A sample containing 14 v added _yrogen
chloride and treated as for |rrad|at|0n at 110°
found afterwards to_contain 1.1 m 2-chloropropane.
The addition of nitrous, oxide to the pro anol cause
nitrogen to be formed (Figures 4-6) and the 2/ rod\len
yieldto decrease #Flgure 9. Th e sum G(HZ +
mcreased Wlth Increasing nitrous oxice concentratlon
—85 and 25 this mcrease was very similar to the
mcrease In £ g)ocause by addition of acid (Figures
4and b) H2+ N2 did not rise above 55
unt|| the concentratlon of nltrous oxide exceeded 10~a
m. Above this concentratlon G(N and Cf(H2 +
N rose very rapioly to high values'(Figure 6%
enltro en yiel sares own In Figures 4-6 both as
measured and, |n the i concentratlon regions, as
corrected by a method which will be discussed [ater.
The lines through the nltrogen yields were calculated
by the use_ of nonhomogengous™ Kinetics. These cal-
culations will be discussed later, ~All other lines yere
drawn to suit the experimental paints.. The lings
through the hydrogen 'yields as & function of acid
concentration %gures -6) were extrapolated to 1w
(CH3ZHOH2+, & it was' not_possible to attain this
concentration in practice.  The extrapolation was
made assuming that G Ila did not exceed b5 at the
ow r temperatures, as jt d ng
The hydrogen yield decrease W|th mcreasmg nitrous
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oxide concentration_at all temperatures. The differ-
ence between the yields at —85°, 25°, and 140° ge-
2reaﬁer% \/‘Ith increasing concentration of nitrous oxice
e hydrogen yleld was corrected for the hydrogen
from dlrect rad|0 sis,of the hydrogen chloride In those
samples where the acid concentration was high enough
to make this dlgnlflcant The appropriate yield to Use
IN these solutions was not known, o it was assumed that
H2 = 6.5 for the direct radiolysis of the acid. 11
he solubility of nitrous oxide in 2-propanol is not
known. However, the solubility in 2- Rropanol IS not
I|kel¥ to be radically different from that in ethanol,
hus the same values and techniques were used s
for ethanol.22 At —85°, all the nitrous oxide was
assumed to pe dissolved in'the 2-propanol.

A correction, was made to the nitro en |e|d for the
direct radiolysis of nitrous oxide in |§] -Concen-
tration solufigns. . It was  assumed that e ener
absorbed by the nitrous oxide was proportional to | s
electron fraction |nthe solution, and'that & (N2 = 129
for direct radiolysis.B

A study was also made of the effect of a high con-
centration of both hydrogen chloride and nitrous oxide.
The results are shown in"Table .

Knowledge of the dielectric constant is required for
the nonhomogeneous kinetics calculations of scaven%
Ing and free-ion solvated eIectron yields.  The diele
tric constant, was measured over the temperature
range —b to +80 Flgure 10).  An extrapolation of
the curve was used {0 estimate e at 140°. The values
shown were determined at 1000 cps by a previously
described method.2

Discussion

Reaction Mechanism. _T1He PIesent results are con-
sistent with but more detailed than those previously
ubllshed 4and a more complex mechanism is required
oex lain them.
leld of h drogen IS 8UII€ strongly dose depen-
ent 0ses below /ml are required in
orcer to be certam of observmg initial effects.  Sher-
mandreported ¢+ = 4.0 at room temperature and a
dose of 5.8 X 108eV/ mI Thegresent results indicate
Ggr.) = 385 atthls 0se and 25°

)( drdygen mgreases WIHt mcreasm
tem era ure etwe n IS constan
at H% % betyveen 140 and 225° (Fi

At 140°, the

ureﬁ

addition of as much as 14 M hydrogen
(10) H. S. Harned and B. B. Owen, “The Physical Chemistry of
Electrolytic Solutions,” 3rd ed, Reinhold Publishing Corp., New

York, N. Y, 1958, pp 755-757.

(11) R. C. Rumfelt and D. A. Armstrong, J. Phys. Chem., 68, 761
(1964).

(12) International Critical Tables, McGraw-Hill Book Co., New
York, N. Y., 1926.

(13) (?(N2 = 12.9 for liquid nitrous oxide at —88°: M. G. Robinson
and G. R. Freeman, J. Phys. Chem., in press.
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Table I: The Effect of Acid on G(H2 and 0(N2 at 25°

J. C. Russell and G. R. Freeman

nd, Hel, (CHj)-CHOH !+, [N&0]

M M M 35[H+] + [NaO] G(Na)o® G(N2)caled® (?2(N2)exptl G(Ha)
0.16 1.4 0.024 0.66 3.45 2.3 2.7 3.5
0.16 0.14 0.0075 0.86 3.10 2.7 2.7 3.7
0.016 0.14 0.0075 0.38 2.40 0.91 0.5 5.0
0.016 0.0125 0.0023 0.67 2.15 1.4 1.2 4.2

See eq .

Figure 10. The dielectric constant as a function of temperature.

chlorice %: 5qure ¢) has no effect on eg % which re-
mains at Holwever, at 25 and —85° the addition
of h h concentrations of hydro en chloride. causes
to Increase nearly to°G(H2. = 55. It thus

ap ears that the tem erature -Sensitive and acid-sensi-
trve hydro en precur ors are the same, It would also
appear that this hydrogen precursor Is scavenged b
nrtrous oxide, as shown the corres ondance petween
the values of G(H. + N2 in the presence of nitrous
oxide and ¢ (H2 Inthe ﬁresence of acid at —85° (Figure
4%. It IS sugigested that this hydrogen precursor is
the solvated éléctron

The mechanism which follows is based upon that
proposed for ethanol = It 1S also hased on consider-
ation of the fate of ionic species In irradiated Irqurds
following a previously described approachzs T
brackets |nd|cate that the SPEcies are |ns|de ay

The yields 3 g)ecr led in" parentheses after
reactlon refer t0 25° and are based on the expenmental
yields and theoretical considerations.

(CHYTHOH— -
[(CHs)zCHOH+ t e'] (25) (1)
""" [(CH3)2COH+ + H+ e'] (15) (2)
o] " [Cav ] @0 @
[(CHs)zCHOH2++ (CHs)zCHO] (0.6) (4)

The Journal of Physical Chemistry

[(CH).COH# + (CH:).CHOH] —>
[(CH3XO + (CH:)CHOHX] (15) (5)

The solvated electrons in the sRur .appear to be
involved In @ reaction mechanism t at IS temperature
dependent. This mechanism may be reactlons 678
Reaction s must occur rap|d|¥ before reaction 4 takes
place, and probably involves the less widely separated

[(CH)CHOH+ + esol-] —>
[(CH:).CHOH* (19) (o)

(
[(CHs)2CHOH*] —> no hydrogen (1.1) (7

lon-electron pairss Reactions .z could account for
the observed temperature dependence of G(H2. The
balance between reactions 7 and - IS temperature
dependent. At low temperatures reaction 7 is favored,
and at 140° and higher' temperatures, reaction s pro-
ceeds to the exclusion of reaction /.

Those solvated electrons which do not undergo re-
action « will erther undergo reaction 9 or escape the
spur to become free ions (reaction 1o).

(CHYLHOH 24]

[H+ (CH).CHOH (09 ©

[esOive + (CHYXHOH 2]

esoiv- + (CH:).CHOH2+(free ions) (L2) (10)

The yield of free |0n solvated eIectrons Was caIcu
Iated as previous 1y described . ass mw G(total ioni-
zation) = 40 hose electrons which ‘do hot escape
the spur undergo geminate neutralization greactrons
s and'9). The samé theory indicates that, at times less
than 110 SeC, the majority of the electrons have not
yet undergone ?emlnate recombination, and that they
are therefore solvated before recombination takes place.

The hydrogen atoms attack the propanol.

H+ (CH3ZLHOH —> H. + (CH3ZOH (11)

The free-ion solvated electrons decay, giving rise to
further hydrogen atoms.

[esoiv- +

(14) J. J. J. Myron and G. R. Freeman, Can. J. Chem., 43, 381
(1965).

(15) G. R. Freeman, J. Chem. Phys., 46, 2822 (1967).
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e§iv~+ (CH3LHOH  H+ (CH3THO- (12

The product acetone is ?ood electron scavenger, as
the addition of 0.68 m acefone was found to depress
(7(H2 to 20. Reaction 13 Is probably responsible for

esolv- + (CHYLO  (CHy)LO- (1)

the observed dose dependence of (7(H2. The experi-
ments, other than the dose stugly, were conducted at a
sufficiently low dose that reaction 13 was r_legh%lble.

The présence of acid would cause reaction 14 to be

eav- + (CHITHOHZ — »~ H + (CHJZTHOH (14)

substituted for reaction 12 This would not alter the
nydrogen yield, as 1t would not alter the number of
hydrogen atoms formed. A high concentration of acid
wouldalso cause reaction 14 to interfere with reaction s,
At lower temperatures, this would cause an increase in
(7(H of as much as 1.9 units at —85°, A rise of 1.6
units'was observed at —85°, and it Is felt that the full
increase of 1.9 units was, not observed, due to the low
degree of dissociation of hydrogen chloride.in »-pro-
panol. . Thus 14 m hydrogen” chloride gives only
approximately 009 m [CH:).CHOH2+, a “concentra-
tion which, by comparison with the calculations for
nitrous oxide,” would not be expected to completely
scavenge the electrons in s?urs. _

At témperatures above 150°, virtually all the added
hydrogen' chloride was converted into --chloropropane
and |gure 7 Suggests that this, compound scavenges
electrons and inhibits hydrogen formation.  Reactions
15.and 16 canaccount for the'drop in g(Ha seen at high
acid concentrations and high temperatures.

(CH)CHCL + esiv- —> (CH).CHCL-  (15)
(CH).CHCL- —> (CHJTH + Cl- (1)

A similar pair of reactions appears to occur in ethangl
under the Same circumstances. It appears that 2-
chloropropane is a less efficient electron scavengier_than,
and is formed at a lower rate than, ethyl chloride in
ethanol. Below 150°, there is no evidence, that 2-
chloropropane interfered with “he acid studies In --
propanol, in contrast to the case of ethanal s

Itrous, oxide reacts with, the free-ion Solvated
electrons in the bulk of the I|%U|d, and If present in
sufficient concentration scavenges electrons within the
Spurs,

esoiv- + ND > N2 - (17)

[iv- + ND] «ND- (18)

ND- —> N2+ O- (29

Reactions 17 and 18 increase the gas yield (T(Ho. +

N2, only to the extent that the |Hte Sewn'h reactltfg
6. OUC |ncrease|n?7(llz+ Nés ou notglvea}/_le

greater than (?(H: - N2 = 5.5 at high conCentrations

Of nitrous oxide. At —85°, (7(H. +" N2 rises to 59

813

at 1 m nitrous oxide, indicating that a small amount of
nltrog}_{en Is being formed by reactions other than 17 and
18 At2Y, (?842 + N2 =650n a%ently rising curve
at 0.8 w nitrous oxide, which was the maximum con-
centration which could be used. At 140° o¢H. +
N2 shows J}fo Increase ue_ 102X 105 m nltrogs omﬂe,
as expected from the previous mechanism, hut above this
concentration hoth G(NY and (?&Hz‘[‘ N2 rise rapidly
In amanner which sug%ests the extensive occurrence ofa
secondary reaction at above 10 m nitrous 0xide.
Such a_Secondary reaction might be reaction 20 In
competition with reaction 21 0r 22,

0-+ND  Not 02 20)
0- + (CHJTHOH —> OH- + (CH32OH (2)
_OH+ (CH)CHO- ()

However, reaction 20 apparently does not occur in
ethanols and it probably cannot compete with 2. Or 2
in propanol. . The large nitrogen yields at high temper-
ature and high nitrols oxidé concentration might_be
due to the occurence of a short_chain reaction Similar
to that proposed for_nitrous oxide-methylcyclohexane
vapor mixturess This would involve reaction 2L or
22, followed by 23 or 24, and then 25. A similar

OH" + (CHITOH— HD + (CH).CO- (1)
OH + (CH):CHO- - HD + (CH).CO- (M)
(CH)CO- + ND —> (CHJLO + NO- (29

series of reactions mcludmg_ reaction 25 has been pro-
posed by Sherman:- to explain a chain reaction found in
alkaling’ solutions of nitrous oxide in »-propanol.
Thereisa ?reat need for knowl_ed?e of values of electron
affinities of molecules and radicals, in the vapor phase
and In solvents of varjous polarities, to help to decide
the feasibility of reaction such as 25.

Using the values for the rate constants for the re-
actions H + _gCH3)2CHOH,4 and H + N2 <6 the
expected contribution to the nltrogen jeld from the
reaction of H + NZ) was calculated.  This was found
éot_be less than 10.> (7(H) under all experimental con-

itions. _

Because of the occurrence of what is most probably a
secondary reaction of pitrous oxide, it is necessary to
aﬁ)ply a correction to the experimental nitrogen yields
In orger to obtain a reasonable measure of the ndmber
of solvated ?Iectro S S av?]nge .. This was done Ry
subtracting from (7(N2 the” difference hetween thie
nitrous oxide vs. (7(Hz + NZ{ anF the_acid vs. (YSHa
curves (Figures 4-6).  Since the low dissociation con-
stant of the acid ‘made exPerlments above 0.03 m
(CH).CHOH2+ impractical, the (7(H2) vs. acid curves

(16) W. H. Holtslander and G. R. Freeman, Can. J. Chem., 45,
1661 (1967).

(17) W. V. Sherman, J. Phys. Chem., 71, 1695 (1967).
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were extraPoIated. The assumption was made that at
the lower err(l)gerature, G(H2 did not exceed 55, as it
did pot at 140°. = _ _

_The presence of ahigh concentration of hoth acid and
nitrous oxide would cduse a competition of reactions 17
and 18 with reactions 9 and 14. “This would cause both
G(H2 and G(N%) to be hetween the values caused b
the presence of either solute alone. The value of

eV H+2/fc(esav— + N20? has been reported to
pe 3 T water; 8" In methanol, It was 7.9 at zero
lonic strength and decreased to 1.3 at an ionic stren%th
of 0.1.% Approximate agreement between calculated
and experimental values 0f nitrogen yields from solu-
tions containing hoth acid angl nitrols oxide was ob-
tained by assu mtg a valug of 3.5 for this ratio in 2-
propanol.  The nitrogen yields were calculated using
eq I and are reported in Table I.

G(N2 = G(No [N '— 35[(ChJIXHOH2+]) W

(N )olIS the yield of nitrogen at a pitrous oxide con-
centration equal to [N0] + 3.5[(CH3)2CHOH2+],
uncorrected for any secondary reaction. " The secon-
daly reactions accounted for only 10% or less of the
nitrogen formed at fnese concentrations of nitrous
oxide'in the absence of acid. -~ Secondary reactions, such
as eq 20-25, would also be. inhibited by acid, s the
error introduced by neglecting them in“these calcula-
tions is small. - Adjustient of the value of the ratio

BuolV~ + H+)//cgesuv__f NZOA for the different ionic
st enlgths, usmg a Zero fonic-stre gth value of 14 and eq
1 of rer 19b, gave somewhat closér agreement between
the calculated and experimental valugs of G(N2.

Within the uncertainties of the calculatigns, the
results In Table | support the conclusion of Sherman.
that acid and nitrous oxide compete for the same
Species, namelcv solvated electrons. _

The direct ¢ompetition of acid and nitrous oxide for
the same species in --propanol is slightly different from
the case in ethanol. "In ethanol, acid Competes for all
species with which nitrous. oxide, reacts, but it also
rgg%tts with a species with which nitrous oxide does not

.3

Nonhortwgeneous Kinetics Calculations. The r¥|€|d
of free-lon solvated electrons and the scavenging
effect of nitrous oxide were computed using nonhomo-
([]eneous kinetics, as prewously tlescribed 2z A spec-
trum of Ny vs. v, the number of ion pairs formed with
Initial separation distance y, was computed for -
gropanol at each temgerature. s Data for the density

t 2-propanol required for this computation have been
measured bY Costells and Bowden s  The Ny Spec-
trum permits calculation of < the probability that a
given pair of 1ons will become free fons, and"4>, the

robability, of reaction of an electron with a scavenger.
he equations used for these calculations have been
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previously described. The. yield of free-ion solvated
electrons “and the yield of nitrogen may be calculated
by use of eq i and il

Glesalv-)fi = N G(total ionization) (i)

G(N2

tThe calculation of <> involves an adjustable param-
Eler2a6

A L
T G(total ionization) (i)

iR W

where D and 1k are the diffusion coefficients of the
solvated “electron and nitrous oxide, respectively, X
and A are the respective average diffusive jump dis-
tances, s and us are the number of new ‘neighbars
encountered per jump, and - and w_are the mobilities
of the positive and negative ions.  Since these quant]-
ties are not known, /3-Was adjusted to give the best fit
with the experimental results.”

The dielectric constant, _is required in order to
calculate both 4f and € . The values of ewere taken
from Figure 10 The values of /3 used for the present
calculations are smaller, by approximately. a factor. of
4, from those found to be’ most suitable”in a similar
calculation for ethanol= This difference may be
rationalized In_ terms of differences in the values of
the quantities in e?_ Iv. As in ethanol, the most suit-
able value of /3 varied with temperature (7 = 2.3 X
10, Viem. at™85°, 24 X 10, Viem. gt 25°, and
29X 105 Vlcm. at 140°). “This variation may be
rationalized in terms of the variation of the quantities
Ineq Iy, o _

In'the low-concentration region below 10-s wm nitrous
ox|de G&Na Was computeg usmgfcenC} V. G(esuy-gn Was

fol. was adjusted to

calculated Using equation il and
W= s bosiztiersp RO e | ()
ive th? bfist fi witp)the exgerimental results, G(es%}n
as calculated to be 15 af —85°, 1.2 at 25°, and 0.8
at 140°, " The values of the rate-constant ratio used
were 3 X 10sat —857, 16 X 105 a 25°, and 3 X 10s at
140°, Thus the ratio was essentially independent of
the temr[])erature .although the temperature ranrt;e and
hence the variation in Viscosity and other factors is
yerg/ large.  The cor_resgon_d_mg ratio of rate constants
in éthanol was als insensitive' to temperatures The

value of kn = 7 X 100 m~1 SC.1 IN water at 25° 6

(18) (a) L. M. Dorfman and M. S. Matheson, Progr. Reaction Kin-
etics 3, 237 (1965); (b) G. V. Buxton, F. S. Dainton, and M. Ham-
merli, Trans. Faraday Soc., 63, 1191 (1967).

(19) J. M. Costells and S. T. Bowden, Rec. Tran. Chim., 77, 36
(1958).
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Su %ests that reaction 17 is nearly diffusion controlled.

erefore_appears that the effect of temperature on
reactron 121s marnly a Viscosity effect or IS associated
\trvrth the breaking of hydrogen bonds in the liquid struc-

Comments on the Yields of
Primary Reducing Species

Dorfman, et a0 have estimated the yield. of free
jon solvated electrons in 2-propanal to be Glesav)n =
0 £ 03 The temperature to which this estimate
refers was not specified, but is presumably about 25°.
This measurement is in reasonably %ood agreement with
the Rresent value of Glesav~Jfi =
The present results’ agre %eneral g with those of
Sherman.4 The variation of the yields with tempera-
ture, ang the nonhomoPeneous krnetrcs treatment of the
scaventt;mg of the solvated electrons, allow a fuller
understanding of the radiolysis. Sherman estimated
the |eId of free-ion solvated electrons to be G{esav~fi
3/ the use of homoqeneous kinetics.  The non-
omo erieous kinetics calculations show that there is no
sharp drvrsron between free-ion solvated electrons and
those which undergo gemingte neutralization in pro-
anol.  Thus it 1S not valid to use homo%eneous
Inetics to describe radiolytic scavengrn% in this System
Under the circumstances,”the agreemnent between Sher-
man’s value of G(esoiy )fi = 0.9°and the present value of
12 Is acceptable. - Sherman2also estimated Glediv )r
= 25 by the use of homogeneous kinetics. "In this
case, as would be expected;” the agreement with the
present valug of G&esorw)r = 40 i3 paor.
resent results and mechanism may be com ared
to thos forethanol3 The yields in ethanol of G
Glesv~fi = 15 and “(geminate neutralrzatron =
25 are simjilar to the values of G(H) = 15, Gesav )n =
2, and ©(geminate neutralizatio) = 2.8 found for 2-
propanol he somewhat larger value for G(esav- )f|
In ethanol is to be expecte in view of the some-
what Iarger va ue of for ethanol (2 compared to 19
propanol, at 5(} In both alcohols, there are
tem erature and aci sensrtrve hydrogen precursors,
However in 2-propanol these appedr to be the same and
to be soIvated electrons, whereas in ethanol there are
two additional species, one acid sensitive, and the other
tem erature sensrtrve The solvated electrons appear
ehave simil arey In the two alcohols. The total
y rogen yred In thanol at high temperatures and |n
the préserice of acid is higher than In 2-propanol, b
cause of the influence of the addrtrona sPecres _
t does not agpeart at secondary reactins of nitrous
oxr e occur In ethanol up to 145°.3 This IS In contrast
to 2-propanol, where there Is alarge secondlary reaction
at this temperature.

Comments on the First-Order Decay of
The activation energies for self diffusion in water,

815

ethanol, and 2-propanol are 4.6, 4.6, and 5.3 kcal/mol,
respectively.2L ' Since reaction 17 appears to be nearly
diffusion controlled and the ratio kn/xn IS temperature
independent, the activation energy of reaction 12 is also
about 5 kcaI/moI If it is assumed that «zhas the same
value in 2-propanol as in water, corrected for the differ-
ence in viscosity, the value of «n at 25° would aPpear
to be approximately 104 M-1 sec-1. This implies a
half-life for the free 1o solvated electron in 2-propanol
of ainroxrmater nsec.  TNIS m%y be compared with
avalue of 7 /;sec'in ethangl at 2

If the decomposrtron of a solvated electron to form a
hydrogen atom and an alkoxide ion is considered to
be a unimolecular reaction (reaction 12'), the entropy of

eso.v- —> H + (CH3ZHO- (129
activation may be calculated by use of eq vi.2

Klv = p—T e*St/Ke-E/RT
h

= IQuert/Rre- E/rT (yl)

Substrtutrn%; the values of kw = 1 X 105 sec-1 and
eir = s Keallmol into eq, vi yjelds AS#i% = —X0
cal/deg mol. The entropies Of activation for the
corresponding - decompositions of solvated electrons
In ethanol and water (assuming the activation energy
to be equal to that of diffusion2d were also calculatéd
and the values are listed in_Table 11. The entropies
are all negative and large. ~ This seems to indicate that
a large amount of structural rearrangement occurs in
each 0f the solvents during the reactio.

Table 1l1: Entropies of Activation of the First-Order
Decay of Solvated Electrons

E, AS*,

kcal/ cal/deg
Solvent sec" 1 mol2L mol
2-Propanol } 32 }% 5 -20
Ethanol 5 -20
Water 1 X 103 5 -29

° Calculated from data in ref 2. b Calculated from data by
E. J. Hart, quoted by J. Rabani in "Solvated Electron,” Ad-
vances in Chemistry Series, No. 50, American Chemical Society,
Washington, D. C., 1965, p 251.

(20) M. C. Sauer, S. Arai, and L. M. Dorfman, J. Chem. Phys., 42,
708 (1965).

(21) H. J. V. Tyrrell, “ Diffusion in Heat Flow and Liquids,” Butter-
worth and Co. Ltd., London, 1961, p 155.

(22) A. A. Frost and R. G. Pearson, "Kinetics and Mechanism,”
John Wiley and Sons, New York, N. Y., 1953, p 98.

(23) (a) It might be better to relate the activation energy of reaction
12' to that of dielectric relaxation. However, the energies of
activation of dielectric relaxation in I-propanolb and in water” are
also 5 kcal/mol at temperatures in the vicinity of 20°, so the results
of the calculations would be the same; (b) S. K. Garg and C. P.
Smyth, J. Phys. Chem., 69, 1294 (1965); (c) calculated from data
in NBS Circular 589, p 6.
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The Yields of the Primary Reducing Species

in the Radiolysis of Liquid Ethanoll

by J. ¢. Russell and G. R. Freeman

Chemistry Department, University of Alberta, Edmonton, Alberta, Canada (Received June 26, 1967)

The effects of high temRerature, acid, and pitrous oxide on the radiolysis of liquid ethanol

have been studied. T

e results Indicate that at all temperatures, redction between added

hydrogen chloride and the ethanol takes place, and the resulting ethyl chloride seriously
complicates the study of acid effects. In the, light of the new results and better under-
standing of the effects of acid, previously published values of e (N2 from ethanolic nitrous
oxide solutions have. been reinterpreted in terms of the nonhomageneous, kinetics mogel.

The new Interpretation gIves 6 ()

= 22, 6 esoiv)fi = 1.5, and e (geminate neutraliza-

tion) = 25. "The unkngwn hydrogen precursors X and.Y with yields (x) = 0.8 and
a(Y) = 1.1 were again found {c/. 7. C. Russell and 6. R. Freeman, 5. phys. chern., 71,

755 (1967)).

Introduction

. The reactions of the primary reducing species in y-
irradiated alcohols have been investigated and dis-
cussed by a number of authors.2-6  In @ recent paper,6
the, present aughors regorted the results of an investi-
gation, of the effects of temperature, h(Ydrogen chlorice,
and nitrous oxide on the yields of h ,rolge_n reursors
In the y radiolysis of ethanol. = A similar investigation
has beén made’ of the yields of hydrogen precursors in
the radlolrsm of 2-propanol./

A consideration of some of the unusual effects of
hydrogen chloride.on ethanol radiolysis, together with
some_inconsistencies between the model indicated by
the 2-proIpano| results7 and the nprewpusly_dlscussed
model "for ethanol,7 led to a further investigation of
ethanol radiolysis.  This further work was undertaken
In the hope of tlarifying the effect of acid on the radioly-
sis and obtaining bettér understanding of the yields of
hydrogen precursors,

Experimental Section
The experimental methods used were identical with

those_used In the earlier study of ethanol radlolrslsﬁ

and in the study of 2-propanol radiolysis.7 All ir-
radiations were performed with a €XCo 5i-ray source to
a dose oJ _1.5>§) 0T eVIm|, on samples Which were
contamed in sealed Pyrex cells.

Samples were_raisegl to temperatures above 25° by
two methods. The first, used for the exPenments_ in
this paper, unless otherwise noted, involved g)la(_:m
the Jl)as sample cell in liquid ethanol contained In
steel” pressure cell which was in turn Rlaced In an
electrically heated oven. The oven was heated to the
desired temperature, 05 hr was allowed to elapse in
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order to obtain thermal equilibrium, and; the whole
assembly was irradiated. . This technique is described
In more detail elsewhere.7  The second method, which
has been previously described,6 involved placln% the
sample 1n-a dewar vessel filled with grl]yc_erol, which had

reviously heen heated. This techinique permits a

eat!ng gerlod of as little as 30 sec, followed by im-
mediate Trradiation (30 sec). However, it is not suit-
able for temperatures above 150°, as the %Iass samﬁle
cells will not withstand the vapor pressure of ethanol
above this temperature.  For example, the vapor pres-
sure of ethanol at 240° is approximately 60 atm.

The analysis for ethyl chloride was E{)erformeol b
vapor-ﬂhase chromato raﬁhy, using a |,2,3-tris-2-
cyanethoxy propane o Chromosorb-W column.  He-
lium cargler gas and a thermal conductivity detector
were used.

Results

Theyield of hYdrogen from pure ethanol as a function
of temperature is shown in Figure 1A~ The results of
Pre_wous work up to 150°6are confirmed and extended
0 &ust above the crltlcal_temPerature of ethanol (Tc =
2 °g. The hydro%en yield Is independent of temper-
ature between —L10 arid 25°; G(H) =5.1. Between

(1) This work received financial support from the National Research
Council of Canada.

(2) G. E. Adams and R. D. Sedgwick, Trans. Faraday Soc., 60, 865
(1964).

(3) J. J. Myron and G. R. Freeman, Can. J. Chem,, 43, 381 (1965).
(4) E. Hayon and M. Moreau, J. Phys. Chem., 69, 4053 (1965).

(5) W. V. Sherman, ibid., 70, 667 (1966).

(6) J. C. Russell and G. R. Freeman, ibid., 71, 755 (1967).

(7) J. C. Russell and G. R. Freeman, ibid.,, 72, 808 (1967).
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Figure 1. (A) The yield of hydrogen from pure ethanol, and
of hydrogen plus nitrogen from 0.1 M nitrous oxide in
ethanol, as a function of temperature: 0, (?(H2);

+, G(H2+ Nj). (B) The yield of hydrogen from

ethanolic solutions of hydrogen chloride as a function of
temperature: +, 3 X 10-4M; 0, 14 M.

25 and 100°, (f{Ha increases, then becomes vutuallgl
independent of temperature up to 16 (7H2.= 6
At still hlgher temperatures the %rogen ield
Creases somewhat (c(H2 = bu there s
no sudden jncrease at the cr|t|ca| temperature

Values of (?(H2+ N2 from sam les contalnlng 0.1 m
nitrous oxide are also Shown in Figure 1A The tem-
perature dependence is similar to t at of the H?/dro?\tlan
yield, with, the posuble exce tion that 46
appears to |ncrease only s |ght y. between 140 and 220°

n Figure IB the hydrogen &elds from ethano con-
taining ydrogen chloride™3 X 10~4and 14 wm) are
shown” as furictions of tem erature. The low con-
centration of hydrogen chloride_caused an increase of
0.8 unit in G(Hg at 25°, but no increase Was bserved
at temperatures reater than about 140°. ~ The high
concentration of hydrogen chloride caused a slightly
reater increase in ( E(>H than did the low concentra-
lon at 25° but at 145° the yield was again the same as
|n pure ethanol. . At températures gréater than 145°
the hyd ro?en 4y|e|d Was actuallp Oecreased by the
add|t2|on 0 L m h)xdrogen chiorice; the decrease
was, 2.0 ¢ units a

ﬁects of hrdro en chloride and sulfuric acid on

t e hy roRen yield at' 25° are shown in Figure 2A.

The observed etfect of hydrogen chloride confirms
the results_of etcher The™ effects of hydrogen
chIonde at €0, 14 and 200° are shown in Flgures
2Band 2C. At 25°, add|t|on of 5 X 10~
chlonde causes a rise in (7(H2 of 0.8 unit T IS effect
has been ascribed to a species X, 6 Higher concentra-
tions of hydrogen chloride up 1o 14 m_cause only a
small Increase In (? (H%. However, addition of 1
sulfuric acid, causes a further increase in G%HZ of 06
unit. At hlpher temperatures, the effect o hydro en
chloride was ound to decrease, becoming nil at 145°
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Figure 2. The yield of hydrogen as a function of acid
concentration: A (25°): O, HC1;, ® HXS04;, B (90°);
and C: =, 145° +, 165° and O, 220°.

Figure 3. The yields of hydrogen and nitrogen from nitrous
oxide solutions as function of the concentration of hydrogen
chloride A, H2 +, N2: A(25°), 4 X 10~2M ND;

B (145°), 9.5 X 10~2M N2; and C (165°), 9 X

10“2M ND.

Above this temperature, a high concentration of hydro-
?en chloride caused a large decrease in o(H2), while a
OW concentration had no effect.

Competition studlies between hydro en chloride and
nitrous  oxide were performed in"orcer to attempt to
distinguish the effect of temperature on the different
hpdrogen precursors The resuIts at 25, 145, and 165°

e shown In rT(,];ure The ata in Figure 3 225°)
were tak en fro revigus stuy,6 and the lings for

9,54% E Were calculated ‘assuming folesoiv~ +
H24)lle(esiv~ + ND) = 2, as waS previously

(8) J. W. Fletcher, Ph.D. Thesis, University of Alberta, Edmonton,
Alberta, Canada, 1967.
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discussed.s In Figures 3B and 3C, the lines were drawn
to suit the experimental points. The competition
studies between hydrogen chloride and nitrous oxide
indicate that at 25° they compete for the same species,
with the exception that nitrous oxide does not react
with species X. At 165°, however, hydrogen chloride
does not compete with nitrous oxide under our experi-
mental conditions.

These unusual effects led to a search for ethyl chloride
in hydrogen chloride containing samples, as it may be
formed through a known reaction.o In 1.4 1f blank
samples, treated and warmed in the same manner as
irradiated samples, quantitative conversion of the
acid to ethyl chloride was found at 165 and 230°.
At 135° 23% conversion was found, and even at 25°
with no warming, 1.5 X 10-2 M ethyl chloride was
found.

In the previous study of ethanol radiolysis,s it was
found that 104 M hydrogen chloride raised G(H2 by
approximately 0.6 unit, even at 150°. Using the
present technique, where the samples were heated in a
pressure cell for 0.5 hr, this effect was not found. Re-
peat experiments, using the rapid heating technique
previously used, gave results in agreement with the
earlier results. This confirms that the formation of
ethyl chloride from hydrogen chloride and ethanol
inhibits the formation of hydrogen during radiolysis.

Discussion

The results are consistent with those reported earlier.
Although the new information does not permit identi-
fication of species X and Y, it does clarify a number of
points. In the light of these results, and those for
2-propanol,7 the previously obtained nitrogen yieldss
require reinterpretation.

The hydrogen vyield in pure ethanol increases with
increasing temperature in the range 25-140°. This has
been ascribed to the decomposition of an unknown
species Y.s At temperatures from 160 to 250°, a
further increase in G(H2 of over 1 unit occurs. This
is felt to have a different origin from the increase at
lower temperatures.

In the present experiments, a low (4 X 10-4 M)
concentration of hydrogen chloride raised (?(H2 at 25°
to 5.9, in agreement with the earlier results.s However,
at higher temperatures this increase disappeared (Figure
2). (r(H2 did not show any temperature dependence,
up to 150° at this acid concentration. This is in
disagreement with the previous results, where G(H2
increased between 25 and 150° in acidic ethanols
High concentrations of acid (1.4 M) at temperatures
above 145° caused a decrease in (?(H2 of as much as
2.0 units (Figure 2C).

The measurements of the ethyl chloride concentration
in hydrogen chloride containing samples indicates that
at 165° and higher temperatures, virtually all hydrogen
chloride in the samples was converted into ethyl chloride
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during the period of heating. The large concentration
of ethyl chloride so produced would be expected to
scavenge electrons and so reduce G(H2. At 145°, only
about one-third of the added hydrogen chloride would
have been converted into ethyl chloride, and thus one
would expect a competition between C2HOH2+ and
ethyl chloride for the electrons, with one reaction tend-
ing to increase (j(H9 and the other to decrease it.
The independence of (?(H2 on added hydrogen chloride
at this temperature implies a balance between the two
electron-scavenging reactions. Since this was in dis-
agreement with the earlier results, the experiments
were repeated using the previous technique with very
rapid heating. The hydrogen yields then duplicated
the earlier results. Thus, as would be expected, the
length of time the samples were heated and the temper-
ature influence the amount of ethyl chloride formed and
thus (?(H2.

Mineral acids scavenge electrons to form hydrogen,
whereas nitrous oxide scavenges electrons to form ni-
trogen. The total gas-product yields should be nearly
the same, whether acid or nitrous oxide is used as a
scavenger. The fact that large concentrations of
nitrous oxide caused the total gas-product yield to
increase, whereas a large concentration of hydrogen
chloride did not,s led to the postulation of a secondary
reaction between o “ and nitrous oxide to form nitrogen.
The present results with sulfuric acid solutions show
that high concentrations of acid do increase the total
gas yield (Figure 2A) if an electron scavenger such as
ethyl chloride, that does not form gaseous products, is
absent from the solution. Ethyl sulfate is evidently a
poor electron scavenger. The secondary reaction be-
tween O- and nitrous oxide is not required to explain
the present results; in fact, comparison of the results
in the 2-propanol7 and ethanol systems at high temper-
ature indicates that a secondary reaction with nitrous
oxide does not occur in the ethanol system.

The foregoing considerations indicate that the cor-
rections applied to the measured values of G{N2 in the
earlier works were incorrect and the results require
reinterpretation. The original uncorrected results for
<?(N,) as a function of nitrous oxide concentration are
shown in Figures 4-7. The lines in Figures 4-7 were
computed by the method discussed previously,s but
using slightly different values for the parameters.
The calculations will be discussed later.

The mechanism which follows is essentially that
previously presented,s modified in some respects in
view of the present results. It is based largely upon
the same considerations as previously, including the
theoretical treatment of the fate of ionic species in
irradiated liquids.ei0 The specified yields (G) in

(9) C. R. Noller, "Chemistry of Organic Compounds,” W. B.
Saunders Co., Philadelphia, Pa., 1951.

(10) G. R. Freeman, J. Chem. Phys., 46, 2822 (1967).
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ure 4 The n |roe ie|ds from n|t soxide
so tlons at —112°. eyso,(f line Is ca cu ated

gZ 5re 5Thghs% “ru [m Xa?(lﬁa{g%m nitrous oxide solutions

S B s o s

Figure 7. _The nltr?% | yields from nitrous oxide solutions
at"145°. The solial Iine is calculated.

parentheses after the reactions refer to 25°, are based
upon the experimental yields together with theoretical
considerations, and have estimated uncertainties of 0.3
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unit. The square brackets indicate that the species
are inside a spur.

CH3CH20 H - »>* [CH3CH20H+ * e-] (18) (1)

CHCHD H == >
[CHCHOH+ + H 1t e-] (2.2) (2)
CH3CHD H === > [X] &) (3
CH3CHD H === - [Y] (11) (4
[0] " o] 40 (5)

[e80lv- + CHsCH20H+] —>
CHaCH0H*  (1.1) (s)

CH3CH20H* no H or H2 (1.1) (7)

CHsCH20H* hlgh_ten;) CHSCHOH + H (©)

[CH:CHOH+ -f CH:CH20H] — >
[CHXHO + CHiCH0H2+] (2.2) (9)

[CHLCH20H+ + CHCH20H] ="
[CHCHD + CH3aCH20H2+] (0.7) (10)

[eS0IV~ + CHaCH20H2+] — >
[H + CH:CHXOH] (1.4) (D

[e80lv- + CHsCH20H2+] - h>
gS0ilV~ + CHsCH20H2+ (free ions) (1.5) (12)

Reaction 2 involves a more energetic precursor than
does reaction 1. Reaction s represents the rapid re-
combination of the less separated ion-electron pairs,
which may result mainly from reaction 1 rather than
from the higher-energy process in reaction 2.

The hydrogen atoms attack the ethanol.

H + CH:CHXODH — H2+ CH:CHOH (13)

The free-ion solvated electrons decay giving rise to
further hydrogen atoms.

esoiv- + CHsCHZOH —> H + CHs3CH20 - (14)

The addition of a low concentration of acid would
cause reaction 14 to be replaced by reaction 15. How-
ever, this would not alter the observed yield of hydro-

esoiv- + CH3CH20H2+ H + CH:CHZ2DH (15)

gen. Since a small amount of acid does cause the
hydrogen yield to increase, a reactive species has been
postulated to undergo reactions 16 and 17.6

X — » no product (16)
X + CHCH20H2+-~H orH 2+ products (17)

It has been showns that neither high temperatures nor
high concentrations of nitrous oxide interfere with re-
action 17. Because of this, X cannot be solvated
electrons. At the low doses used, a very low concen-
tration of acid (5 X 10«s M) scavenges X completely.

Volume 72, Number 8 March 1968



820

This implies that even if the rate constant for reaction
17 isvery large, X has a long lifetime, being of the order
of 5 X 10-6 sec if fca = 1010 M ~Isec-1.

It appears that a high concentration of acid causes
reaction 11 to interfere with reaction s. This causes
an increase in G(H2, in addition to that caused by
reaction 17, as observed with the sulfuric acid solutions
(Figure 2A).

Nitrous oxide will react with the free-ion solvated
electrons in the bulk of the liquid, and if present in
sufficient concentration will scavenge electrons within
the spurs. Reaction 18 should not increase G(H2 +
N2. However, at low temperatures reaction 19 will

6s0iv— o~ ND m > N20- —>mNz2+ 0-  (18)

[c®iv~ N20] >N20- —>mNz2+ 0— (19)

cause G(H2 + N2 to increase to the extent that it
interferes with reaction s .

In the presence of a high concentration of nitrous
oxide and a low concentration of acid, G(H2 + N2
should reflect the occurrence of both reactions 17 and
19. Thus G(H2 + N2 should be above 5.9. Under
these conditions G(H2 + N2 = 7.2 was found.ss The
addition of a high concentration of sulfuric acid should
cause G(H2J to increase to a similar value. However,
acid should cause an effect only to the extent to which
it dissociates into ions in the ethanol. The dissociation
constant for sulfuric acid in ethanol is not known, but
in water the constant is roughly one-tenth as large as
that of hydrogen chloride.uz In ethanol Kasa — 0.015
for hydrogen chloride.i.2 On this basis, it is assumed
that Kdiss ~ 0.0012 for the first ionization constant of
sulfuric acid in ethanol. Thus 1.4 M sulfuric acid
would give a concentration of CH3sCH20H2+ equal to
5 X 10-2 M. In the presence of 10-4 M hydrogen
chloride and 5 X 10-2 M nitrous oxide, G(H2 + N2 =
6.8. This compares favorably with G(H2 = 6.6
found in the presence of 1.4 M sulfuric acid. The
scavenging curves of nitrous oxide and acid therefore
appear to be very similar, aside from the influence of
species X.

The addition of a high concentration of hydrogen
chloride appears to cause a small increase in G(H2 at
room temperature. It is felt that this increase is not as
large as would be expected because of interference by
ethyl chloride through reaction 20. Reactions 20 and
21 serve to decrease G(H2 by removing solvated

esoiv- + CH3CHZ2C1 — CH3CHZ2C1- (20)

CH3sCH2C1- —> CH3CH2 + CI- (21)

electrons without production of hydrogen atoms.
At 90°, where the concentration of ethyl chloride will
be moderately high, the increase in G(H2 produced by
hydrogen chloride is reduced to approximately 0.5
unit. At 145°, where the ethyl chloride concentration
was estimated to be roughly one-third of the originally
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added acid under the conditions of the experiment, there
was no effect of added hydrogen chloride at any con-
centration. If the samples were warmed very rapidly,
using the earlier technique so as to minimize ethyl
chloride formation, an increase of G(H2 = 0.6 was
found, in agreement with the earlier results. This
confirms that G(X) is not temperature sensitive.
At 165° and higher temperatures, all of the added hy-
drogen chloride was converted into ethyl chloride.
This caused G(H2 to fall by as much as 2.0 units
through the influence of reactions 20 and 21. The
curves for G(H2 vs. added hydrogen chloride at 165 and
220° are superimposable by a vertical shift. The
influence of reaction s caused the over-all hydrogen
yield to be greater at 220°, and the drop in G(H2
caused by the addition of large amounts of hydrogen
chloride is due to scavenging of electrons by the resul-
tant ethyl chloride (reaction 20).

The data in Figure 3A indicate, as previously dis-
cussed,s that acid competes for all species with which
nitrous oxide reacts. Figure 3B, which shows the
results of a similar competition study at 145°, indicates
that hydrogen chloride still competes for the same
species as nitrous oxide, but that it is less efficient than
at 25°. This is to be expected, as approximately one-
third of the acid would have been converted into ethyl
chloride, which would not tend to raise G(H2 at the
expense of G(N2J, but would rather be expected to
decrease both. At 165°, where all the acid was con-
verted into ethyl chloride, a competition should occur
between ethyl chloride and nitrous oxide for the sol-
vated electrons. This would be expected to reduce
G(N2 at high concentrations of added acid. No such
effect occurs and G(N2 was found to be independent of
the added acid. This suggests that a reaction such as
reaction 22 may occur in competition with reaction
21.

CHCH2C1- + ND —> N2 - + CH3CH2C1 (22)

Such reactions involving electron transfer from one
electron scavenger to another have been suggested to
take place in vapor-phase methylcyclohexaneis and in
aqueous solutions. 1314

An alternate explanation for ethyl
depressing G(N2 might be that jfc(esow-
N k(esow~ + N:20).

The temperature variation of G(H2 (Figure 1A)
indicates that there is a species, which has been repre-
sented as Y, which is temperature sensitive. This has
been previously discussed,s and it has been shown that

chloride not
+ C2H6Cl)

(11) “Handbook of Chemistry and Physics," 38th ed, Chemical Rub-
ber Publishing Company, Cleveland, Ohio, 1956.

(22) 1. 1. Bezman and F. H. Nerhock, 3. Am. Chem. Soc., 67, 1330
(1945).

(13) W. J. Holtslander and G. R. Freeman, Chem. Commun., 205
(1967).

(14) S. R. Logan and P. B. Wilmot, ibid., 558 (1966).
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it must undergo two different reactions, 23 and 24.
At very high temperatures (above 150°) it appears that

low temp
Y > no hydrogen (23)
high temp ; (o4
v "2 ydrogen + products (24)

some further source of hydrogen comes into play.
Reactions 7 and 8 could account for this rise in (7(H2.
An implication of reactions 6-8 would be that at very
high temperatures a high concentration of nitrous oxide
would not cause (7(H2+ N2 to exceed (?(HJ for pure
ethanol. It was not possible tc check this because
experimental difficulties became very great above the
critical temperature of ethanol.

The calculated values of (7(N2 in Figures 4-7 weve
computed in the same manner as previously reported,6
with the omission of the correction for the assumed
reaction of O- with nitrous oxide. It now appears that
this reaction does not occur in ethanol. A brief sum-
mary of the method of calculation also appears in ref 7.
The calculations were performed assuming (7(total
ionization) = 4.0, and the adjustable parameter =
9.6 X 1013 V/cm2 at 25°. This value of /3_may be
rationalized in terms of the following quantities, which
are defined in the adjacent paper:7 u+ + u_ = 3 X
10~3cm2V sec, = 4, D_ = 3 X 10~5 cm2sec,
L!=7X10-16cm2r0= 1.0 X 10-7cm, ba= 4, Ds=
2 X 10~5cm2sec, and \&2 = 7 X 10~6cm2 These
quantities, especially D, will change with temperature.
This variation is not precisely known, and the calcula-
tion is approximate. The most suitable value of /3_
varied with temperature: /3_ = 3.2 X 10BV/cm2at
-112°, 9.6 X 10BBV/cm2at 25°; 6.7 X 104V/cm2at
90°, and 6.2 X 10MV/cm2at 145°. The best-fit values
of k/ku were 5.6 X 105at —112°, 1.0 X 106 at 25°,
5.0 X 105at 90°, and 54 X 106 at 145°. As was
discussed previously.6this ratio is essentially insensitive
to temperature.

The calculated nitrogen yields agree very well with
the experimental results. The agreement is better than
the previous calculation to fit the results after applica-
tion of the correction.6 The only parameters whose
values were significantly altered from the previous
calculation were (((total ionization) = 4.0 and {3 =
9.6 X 1013at 25°, compared to the earlier values of 3.1
and 2.4 X 1013 respectively. The larger values are
consistent with those required to fit the nitrous oxide
scavenging results in 2-propanol.7 The values of
kigku are not significantly changed and are similar to
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the equivalent values used in the 2-propanol calcula-
tions.

The values of (((free ion) determined in the calcu-
lations have been proportionately raised by the in-
creased value of (((total ionization). The calculated
values obtained were (7(free ion) = 19 at —112°,
I. 5 at 25°, 15 at 90°, and 1.6 at 145°. These are
slightly larger than the corresponding values in 2-
propanol.7 This is to be expected because of the higher
dielectic constant of ethanol.

Other estimates of (7(e,iv_)n at about 25° have been
made and these vary in the range (7(esoiv~)h = 1.0
0.3.3446 The uncertainties in all of the measurements
and interpretations are so large that the lack of close
agreement between the various estimates is not sur-
prising.

The degree of reaction of hydrogen chloride with
ethanol found and the very marked effects that this
has on the radiolysis indicate that great caution must
be exercised in such experiments. The characteristics
of alcohols are evidently such as to make studies of the
effect of acid on the radiolysis very difficult and
virtually impossible at very high temperatures. It
appears that ethyl sulfate is a less efficient electron
scavenger than is ethyl chloride, and thus that sulfuric
acid is a preferable acid to use. However, the known
rapid rate of reaction with the alcohol9 changes the
acid concentration from that added.

Summary

(1) The reactions of acids with alcohols complicate
the study of the effects of acids on the radiolysis of
alcohols.

(2) In the y radiolysis of liquid ethanol at 25°, the
following yields were estimated: (((total ionization) =
4.0, (?(esolv-)fi = 1.5, (7(H) = 2.2, (?(X) = 0.8, and
(7(Y) = 1.1. (7(H) represents the yield of reaction 2.
Species X is sensitive to low concentrations of acid,
but not to temperature in the range 25-100°, whereas
the opposite is true for species Y. At very high temper-
atures, >160°, an additional source of hydrogen be-
comes evident.

(3) Acid reacts with esoiv_ and with X.
oxide reacts only with esciv_.

(4) The nonhomogeneous kinetics model of charge
scavenging fits the results. Two adjustable parameters
are used in the model, and these were chosen to be
(?(total ionization) and /S.

Nitrous

(15) 1. A. Taub, D. A. Harter, M. Cc. Sauer, and L. M. Dorfman,
J. Chem. Phys., 41, 979 (1964)
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Proton Magnetic Resonance Studies of Mixed Aluminum Alkyls. |I.

Aluminum Trialkylsl

by Osamu Yamamoto and Kikuko Hayamizu
Government Chemical Industrial Research Institute, Tokyo, Japan  (Received June S6, 1967)

The systems AIMe3AIEt3, AlMer-Al(«-Pr)3, and AlMe3-Al(t-Bu)3 were studied by means of pmr spectroscopy
at room temperature as well as at low temperature. A bridge-bonding factor, defined as a measure of the
tendency of an alkyl group to occupy the bridge position in the mixed dimer formed in the aluminum trialkyl
mixture, was experimentally determined for ethyl, n-propyl, and isobutyl groups in the trialkylaluminum
dimers as compared with methyl group and was found to be */», 17 and I/n, respectively. It depends upon
the bulkiness of the alkyl group. In terms of the bridge-bonding factor, the chemical shifts of the a-methyl
and the a-methylene groups of the mixed dimers in the mixtures were calculated and compared with the experi-

mental values.

Introduction

It is well known that the lower members of aluminum
tri-n-alkyls associate into dimers with an alkyl bridge
structure such as2

R R R

R R R

In the pmr spectra of these compounds, for example
trimethyl aluminum, although there are two non-
equivalent methyl groups in this structure, only one
methyl signal is observed at room temperature. At
sufficiently low temperature, however, two distinct
signals are obtained, which may be assigned to the
terminal and the bridge methyl groups, respectively.
This fact was first observed by Muller and Pritchard3
and was explained as a rapid exchange between the
terminal and the bridge methyl groups. It has been
shown also that the same is true for other aluminum
alkyls.45

On the other hand, the stability of aluminum tri-
alkyl dimers would be different from one to the other,
and it is expected from the results of the vapor-pressure
studies by Laubengayer and Gilliamé that trimethyl-
aluminum, the lowest member of aluminum trialkyls,
is the most stable one.

Hoffmann7found out from a cryoscopic study that a
mixture of triisobutylaluminum and trimethylalumi-
num forms mixed dimer, such as

f-Bu Me Me

Me Me f-Bu
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The equilibrium between the various dimers in each system was also discussed.

and

f-Bu Me i-Bu

f-Bu Me t-Bu

This is very interesting because, in general, branched
aluminum alkyls have little tendency to form dimers.7
Hoffmann further studied the system by means of
nmr spectroscopy8 and reported that the resultant
mixed aluminum trialkyls are strongly associated by
virtue of their methyl groups and the ratio of the
bridge and the terminal methyl groups is dependent on
the total concentration of methyl groups. He sug-
gested from his nmr studies at room temperature that,
in contrast to his earlier cryoscopic investigation and
in spite of the rather weak bonding across an isobutyl
group, a system of dimers with mixed-bonded ring,

Me . . .
>Al1<G g u>Al<> isenergetically favored over a mixture

of homogeneously methyl-bonded dimers and unaffected
triisobutylaluminum. More recently, Ramey and his
coworkers5 have studied the same system and added
some discussion to Hoffmann’s results about the ex-
change mechanism.

In the present work, to obtain more detailed infor-

(1) A part of this work was presented at the International Sym-
posium on Nuclear Magnetic Resonance, Tokyo, Japan, Sept 1965.

() P. H. Lewis and R. E. Rundle, J. Chem. Phys., 21, o86 (1953).

(3) N. Muller and D. E. Pritchard, J. Am. Chem. Soc., 82, 248
(1960).

@ o. yamamoto, Bull. Chem. Soc. Japan, 37, 1125 (1964).

5) K. C. Ramey,.,J. F. O'Brien, |I. Hasegawa, and A. E. Borchert,
j. |5<hys. em 69], 3418 (1965).

(6) A. W. Laubengayer and W. F. Gilliam, J. Am. Chem. Soc., e3,
477 (1941).

(7) E. G. Hoffmann, AnN. Chem., 629, 104 (1960).
() E. G. Hoffmann, Trans, Faraday Soc., ss, 642 (1962).
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mation about the trialkylaluminum mixtures, the
systems A1(CH33-A1(C25)3, A1(CH33-Al(n-C3H M3, and
A1(CH33AI(i-C4H93 were studied by means of
nmr spectroscopy, and the tendency for the alkyl
groups in the aluminum compounds to form dimers
was discussed. While in the former two systems,
each of the components is a dimer in their pure state, in
the latter system, one component is a dimer and the
other a monomer in the isolated state.

Experimental Section

Trimethylaluminum and triethylaluminum were
prepared by Pitzer and Gutowsky’s method9and Grosse
and Mavity’s method,0 respectively. Tri-n-propyl-
aluminum and triisobutylaluminum were obtained
from the Ethyl Corp.,, N. Y. Cyclopentane was
used as a solvent. The solvent was dehydrated and
purified by the conventional methods. Since alumi-
num alkyls are in general very reactive with air and
moisture, the purified aluminum alkyls were trans-
ferred into cylindrical sample tubes, one after another,
in an appropriate proportion to make a desired mixture
in a high-vacuum line, a suitable amount of solvent was
directly distilled therein, and then the tube was sealed
off.

The nmr spectra were obtained by means of a Varian
Associates DP-60 spectrometer operating at 60 Mcps
with or without variable temperature accessaries;
the usual side-band technique was employed. The
room-temperature spectra were obtained at 30 = 1°,
and the low-temperature spectra were measured at a
temperature between —78 and —73°.

The relative concentration of two aluminum alkyls
in a given sample of mixture was determined by means
of a Varian V-3521 nmr integrator. The total con-

mixture of 3CH3and brr
S[r)ecHa Pf he mixtures In whrlc-#r mole atros of. A[MeS AlEt3are 11:

gge -C srgnafl
nd 05: 5resPcrey Cand D
e low-temperature spectra at about —5° corresponding to A and B, respectively

623

In clgpgrrt ne gf 60Mcps
d Bare thg room temperature

Fi urehz Chemical shr S or‘I thes nals in
trimethylaluminum-triethyla umrn system at 60 Mcps:
=, signals at 30°; O, signals at about —75°;

——————————— , calculated curves for 5ch3 and 5ch2;

——————————— , curves for 5ch3, 5cHjb, and 6ch2 used in the
calculation as corrections for A(tojch3and A(w)ch2

centration of aluminum compounds in the samples was
not so critically adjusted, provided that the samples

(9) K. S. Pitzer and H. S. Gutowsky, J. Am. Chem. Soc.. 68, 2205
(1946).
(10) A. von Grosse and J. M. Mavity, J. Org. Chem., 5, 106 (1940).
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Figure 3. Nmr spectra of the mixtures of trimethylaluminum and triisobutylaluminum in cyclopentane

at 60 Mcps. The chemical shifts are referred to the solvent, and a = y-CIL, b = a-CH2 ¢ = a-CHi, d =
bridge-CH3 e = terminal-CH2 f = terminal-CH3 and g = the mixture of 7~CH3and bridge-CH2signals.

A and B are the room-temperature spectra of the mixtures in which mole ratios of AlIMe3 Al(i'-Bu)3are 20:80 and
87:13, respectively; C and D are the low-temperature spectra at about —75° corresponding to A and B, respectively.

remained liquid at a temperature as low as about —80°.
They ranged from about 20 to 40 mol % of aluminum
compounds,

Results

The System Trimethylaluminum-Triethylaluminum.

The nmr spectra of mixtures of trimethylaluminum and
triethylaluminum in cycIoEg‘ntane at”room fempera-
ture are shown in Figures 1A and B, Over the whole
range of relative concentration between trimethyl-
and’ triethylaluminum, the sRectra display_a single
methy| sqnal and a single et )(I pattern. “This indi-
cates that the raﬂld exchange of the alkyl groups always
takes place in the mixtures, as occurrln([; in the pure
dimers ..., in trimethylaluminums and Triethylalumi-
UM aﬁone). However, the chemical shift ‘of each
gnal varies from one mixture to another. Let the
ift of a-metha(l (CH=AL<) signal and the shift of
a-methylene (-CHzAL<) signal” from solvent cyclo-
entané be bohi and Schj,” respectively. The ‘con-
Gentration dependences of 0Ha and_ bche are . such
hat the lower the concentration of triethylaluminum,
e gw%er the 5ch3 and, at the same time, the larger

he
At low temperature, the alkyl exchange becomes so
slow that the brldge and the terminal S|?na|s of the
a-methg/l group and the, terminal S|gna Of the o
methyléne group_are_distinctly observed as shown In
Figures 1Cand'D.  The low-temperature spectra also
show small concentration dependences in the terminal
a-methylene signal and in the bridge a-methyl signal.
The pasitions of the bridge a-methyl sqnal at 0" (ex-
trapolated value) and at 100 mol % of AlMes differ by

w W

e+ ~—+ — g
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about 7.cps. In the middle concentration ran%e, the
brldgi_e signal of the a-methyl group. consists of two to
four ines; T_hemtensm{ of eaCh split line is depenclent
on the relative concentration of AlMe; and AIEt3
The terminal a-meth?{lene signal_shows a similar
concentraion dependence and “splittings (see Figure
1C), but In this case, the concentration dependenCe is
limited within a smaller. range; i..., It is observed only
In the higher concentration range of AIEt3

The general behavior of the signals is shown in Figure

2
The Shstem Trimelhylalum inum-Tri-n-prolll)yIalum i-

num,  THe Spectral features and the over-all concen-
tration dependences of 5om and 5cm in the system
AlMe=Al(n-Pry s are almost the same as Iin the system
AlMe-AlEt3 except that in the aPresent system an
n-propyl signal appears in place of ar. ethyl signal.

The _System_ Trimethylaluminum-Triisobutylalumi-
aum.  FIGUre 3 shows the nmr spectra of two different
mixtures 0f AlMes and Al(i-Buys In cyclopentane.. In
this case, we also have a single methyl signal and a single
isobutyl pattern at room” temperature. The_bri Gge
a-methyl” signal also shows shght concentration de-
Be_ndence, biit in this case the extent is smaller and the

ndFe a-methyl signal shows no splitting over the
whole concentration range. - Furthermore, “unlike the
system AlMe-AlEt3 the terminal a-methyl signal
splits into two peaks in the middle concentration ranqe
\évr?ne g;g terminal a-methylene signal does not spiit

he chemical shifts of the a-methyl and the a-methyl-
ene signals are plotted against the relative concen-



Pmr Studies of Mixed Aluminum Alkyls

tration of the two_aluminum compounds in Figure 4.
A notable feature in the present system is that"the a-
methyl signal shift at the zero concentration of AlMes,
seno, 968MS 10 coincide with the shift of the bridge
a-methyl group, 5Hh

Discussion

As I the case |n the usual exchange system, the
signal of the_a-methyl group, exchanging rapidly be-
tvveen the bridge an the terminal S|tes a E)ears at a
position of the.average between the shifts of the bndﬁ
and terminal signals we|ghted by the population of t
methyl groups at each site. Thus when the populatlon
of the methyl groups at the ndPe site becomes larger
as compared with pure tnmethYaumlnum imer, the
a-methyl agnal is shifted to a Tower field because the
bridge a méthyl signal is at a lower field than the
termlna a-methyl Signal.. The same is trug for 5o
o the general concentrat|on dependences of 5cm and

Sem in Figures 2 and 4 sh ow that |n the mlxture sys
tems at room temperature the methyl groups are found
more frequently at the bridge rather han at the ter-
minal positions, while the other. alkyl groups are
found moret frequently at the terminal rathér than the
bridge position

ﬁ hemlca? shift of the bndde a-methyl group may
be3| htl 1¥ different for different mixed dimer hecause
of te ifferent environments around. the group in the
dimer molecules. _If In a given relative concentration
the mixture contains various species of mixed dimers,
and if an equilibrium woulo be reached between these
various species depending uRon the relative concentra-
tion of each, component, the bridge a- meth}/I signal
will be split into some lines corresponding to the pres-
ence of several mixed dimers contained in appreciable
proportions,  Thus the apparent concentration shift
and the variation of the splitting of the bridge a-methyl
8roup will result. - Conversely, such a_concentration

ependence of the bridge a-methyl signal ?IVGS U
evidence, that there are various species of mixed
dimers in the mixture, rather than only .a single
species of mixed dimer and a Pure dimer.” The. con-
centration dependences of the terminal a-methyl and
the |a nltethylene signals are also explained along a
similar line

As seen from F| ure 2 in the system AlMes- AIEt?
the a-m 50tnhdl 3|gna shift at the zéro concentration 0
AlMe 1S Iar er gh y about 11 c;)sr)nthant ebnde
a-metnyl signal, and the a-methylene 5| na
sh|ft at the zero concentration of AIEt n{ il 1S slig
sma Ier b about5<:s than the terminal amethylene
signal shift, t may_be reasonable to assume
that the reason why the fference between 5ohe an

does not vanish Is due to the terminal methyl
groups still present at very low concentration of AlMe,

t room temperature. A simiar discussion is also
applicable to the difference between 501f and 500

825

In the AlMe-Al(z-Bu)s system,_ the difference
between Som, and Som s not Zera.  Thus.even in the
low concentration range of triisobutylaluminum, a part
of the isobutyl ?roups is found at the bridge position at
S 0 et byt il o

This is explai instabil|
the |sobut |-isobutyl blrold sy was pointed “out
by Hotfmanns d|mers W|h a Mmixed bonded ring,

> A<M ebAIL, can be presentin the mixture system,
while dimerswith homageneously isobutyl-bonded rings,
>A1<ZE“>AK can not, hecause of the bulkiness of
the isobutyl group Thus, for example, when a dimer,

AlLMe(z- n) with the meth | g rour}r)] at the bride
Posmo ungergoes exchange to form a dimer wi
he two bridgé positions occupied by the isobutyl
groups
7-BU 7-BU 7-BU
Al Al
7-Bu Me 7-BU
7-BU 7-Bu 7-BU
Me 7-Bu -BU

the dimer dissociates into, two maonomers owmg to
instability of the isobutyl- |sobuta/| bridge.  Then”the
metnyl group again takes the bri %e posmon after the
MONOMETS reassociate with each other or with a mong-
meric triisobutylaluminum. - Thus the methyl group is
alwa s found ‘at the_bridge position. On’thie other
Inthe sRedes with two or more methyl (iroups at
east one met |)}/I group ¢an take the termingl positio
by virtue of the methyl-isobutyl ndgi Since syc
spedes decrease in amount as the total concentratig
of the methyl groups decreases, the 5 curve wi
go down t0°the’ lower-field side rather than rema
onstant. In the limit of zero concentration of tri-
methylaluminum, only the species AlLMe(z-Buys, wi
contnbt“e 0. the 5 and tEus the a- ethy sgna
eventually coincides with the bridge a-methyl Sign
The Bridge-Bonding Factor. S SaEd above the
methyl %rou% IS more Ilkeh{ to occupy the bndge osi-
tions“than the other alk t%rOtlJ)p a m|xe dimer.
Now, we define a quantity ndg| bond |n factor
«, Which is ameasure of bndgmg tendency of t
%oup In aluminum trialkyls. = Lgt us assumet atwh n
0 monomers associate info a dlmer or when a d|mer
under(r;oes exchange Intramolecularly, as ’nropose
Muller and Pritchard s the chance for an alky rou t0
occug%a bnd%e poSItion IS« times as many as that for
yl grolp.  Then the fractional population of
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Figure 4. Chemical shifts of the signals in trimethyl
aluminum-triisobutylaluminum system at 60 Mcps:

=, signals at 30°; O, signals at about —75°; .......... ,
calculated curves for sch3and sch2 with the statistical
distribution assumption; --------- , calculated curves similar
to above with the other distribution assumption;

--------- , curves for ¢cm1, icH3, and ¢cm4used in the
calculation as corrections for A(?i)ch3and A(n)cH2

methyl groups at the brid%e position in a mixed dimer
will e atunctjon of «, and'the a-methyl shift, ...... can
be calculated from the following formula

i - g SIBANICH

r]t:nl f n(p)
An)cH, = Senst — ScHab

for the nth dimer, where o is the formal mole fractjon
of AlMe; adged in the. mixture,/. () 1s the mole fraction
of the nth dimer having n methyl groui)s and ¢ —n
other alkyl groups, onc) IS the fractignal population 0
methyl gfoup at the bridge position in the nth dimer,
and Xg]CHE 15 the average separation between the ter-
minal and the bridge a-miethyl signal of the nth dimer,
| fcH* or SoHbhas an cncentgmon dependence, ap-
propriate correction. must be mage. | y

on(k) CaN D obtained by consigering the probability
for methyl groups to enter the bridge position in a pair
of monomers. The probability to have two methyl
groups at the bridge position Is

= 2
T n+ (6 —n)k (n —1) t (6 —n)k @

and the probability to have one methyl group at the
bridge po%ition = yi-group

The Journal of Physical Chemistry
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p = n (6 = n)k
1 nt 6 —nkn —1) t (6 —n)k

= n)k n

(6
n + (6 —n)k n + —n)k

Thus the fractional population of methyl group at the
bridge position is given by