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Abstract

A radiochemical and spectrophotometric investigation
of the interactions between thallium (I) and thallium (III)
is used to show that the majority of the thallium (I) and
thallium (III) atoms in the crystalline thallium sesquihalides
dq not occupy equiValent positions in the crystallinelattice
and that there is no strong 6ptica1 interaction between
thallium (I) and thallium (III) in aqueous solutions con-
“taining perchlorate or chloride ion.

The absorption spectra of mixed solutions of copper (II)
perchlorate, perchloric acid and hydrochloric acid at a
constant ionic strength of 1.00 in the wavelength range
250-300 mp are interpreted in terms of the equilibria,
cu** + C17 = cuCcl*, cucl* + €1~ = CuCl,. The equilibrium
constants for these reactions are determined and the enthalpy
of formation of CuCl* is estimated. |

The non-additive light absorption in the 400-600 np
wavelength range of solutions maintained at unit ionie
strength with perchloric acid and containing copper (1)
and copper (II), and low concentrations of chloride ion,
has been interpreted in terms of an "interaction complex",
Cu2013. At higher chloride ion concentrations in solutions
of the same ionic strength, interaction complexes of higher
chloride coordination (but still containing only one
copper (I) and one copper (II) in each complex) are im-

portant,.



Abstract (cont.)

Two interpretations of the 400-600 mP spectral absorp-
tion of Cu2013 are advanced and discussed. At present no
conclusions can be drawn as to which interpretation is to
be preferred.

The light absorption in the 450-900 mP wavelength -
range by mixed solutions of iron (II) and iron (III) in
hydrochloric acid is interpreted as evidence for the form-
ation of unstable but strongly absorbing interaction .
complexes, each interaction complex containing one atom
of iron (II) and one atom of iron (III) and a number of
coordinating chloride ligands. The light absorption by
interaction complexes decreases with decreasing hydrochloric
acid concentration and there is no interaction absorption
by solutions containing Fe(H20)5+,Fe(H20)g*+ and no chloride
ion.

Absorption spectra of iron (II) in solutions of varying
hydrochloric acid concentration observed in the 700-900'mF
wavelength range are used to show the presence of iron (II)

chloro-complexes.
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PART I

[Reprinted from the Journal of the American Chemical Society, T1, 3845 (1949).]
Copyright 1949 by the American Chemical Society and reprinted by permission of the copyright owner,

Investigation of Possible Interactions between
Thallium(I) and Thallium(III) in Solution and
_in the Crystalline Thallium Sesqui-halides

By HARDEN McCONNELL AND NORMAN DAvVIDSON

The discovery? that the rate of radioactive ex-
change between T1(I) and TI1(IIT) in aqueous solu-
tions is slow has prompted us to: (1) examine, by
a radiochemical method, whether or not the sub-
stances T1;Cl; and T,Br; contain non-equivalent
TI(I) and TI(III) ions; (2) look for non-additive
light absorption? in some aqueous solutions con-
taining TI(I) and TI(III). Problems (1) and (2)
are related because the T1,X; compounds are more
colored than the corresponding TIX or TIX; com-
pounds.?

(1) For the exchange experiment with T1:Cl, 4 ml. of
dilute HC1 solution containing 5.2 mg. of dissolved T1,Cl
and 1.46 mg. of active TICL (containing T1%4) were evapo-
rated nearly but not quite to dryness by evacuation at room
temperature for forty-five minutes. It follows from the
data of Benrath that under these conditions essentially all
of the TI(I) was initially precipitated as T1,Cls;, and there
might be small amounts of TICl; or hydrated TICl; formed
subsequently, depending on the completeness of evapo-
ration.? (Furthermore by visual inspection of the precipi-
tate one saw only the characteristic hexagonal yeliow
flakes of TICl.)4 This entire residue, the yellow solid
T1:Cly and the adhering excess of TI1Cl; or TICl, (solid or
- solution), was redissolved in water and divided into two
2-ml. samples. Thallous chromate was precipitated from
one portion, using the conditions developed by Harbottle
and Dodson,! washed, and slurried onto a counting plate.
The second sample was reduced with sulfur dioxide so that
all the thallium could be precipitated as the chromate and
the total activity counted. There was 1o appreciable self
absorption in the samples.

A blank experiment was performed which was identical
to the above except that the evaporation to give solid
T1,Cly was omitted, and the sample was allowed to stand
for twenty minutes.

Tor the T1,Br, experiment, 30 md. of 2 solution contain-
ing 1.2 g. of TIBr; was saturated with inactive TIBr at
room temperature to insure the absence of bromine. The
solution was then saturated with active TIBr at 50°.
Two 10-ml. aliquots of this solution were allowed to cool to
room temperature, and the red T1;Br; precipitated out.5
The thallous activity was determined with one sample and
the total activity with the other. For control measure-
ments, the thallous and total activities of 1-ml. aliquots of
the solution at 50° were determined.

(1) Harbottle and Dodson, THis JournaAL, T0, 880 (1948);
Prestwood and Wahli, #béd., T1, 3137 (1949); see also pp. 226, 205
of “‘Isotopic Exchange Reactions and Chemical Kinetics,” Brook-
haven National Laboratory, Patchogue, New York, Dec., 1948,

(2) Whitney and Davidson, THIS JoUrNaL, 69, 2076 (1947).

(3) Benrath, Z, anorg. Chem., 99, 161 (1915); 186, 358 (1924

(4) Another sample of T1:Cl; was further identified by a thallium
analysis, for a description of the crystalline form, ¢f. Meyer, Z.
anorg. Chem., 34, 354 (1900).

(8) The identification of this substance as TliBr: is based on its
color and crystalline form corresponding to the descriptions given by
Beprath? and Meyert and on the solubility data determined by Ben-
rath
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Fig. 1.—The absorprion spectra of some thalliumil)
and (III) solutions in perchloric acid: I, TI(I) 0.068 F;
II, TII) 0.034 F, TI(III) 0.079 F; III, TI(ILI) 0.157 F,
1, 11, III in 8.2 F HCIO,; IV, TI(III) 0.079 F; Vv, TI(I)
0.113 F, TI(I111) 0.079 F; IV, V in 1.6 F HCIO,.

280 300

TaBLE 1
EXCHANGE EXPERIMENTS WITH THALLIUM SESQUI-HALIDES
Composition of Specific X
exchange activities,? Ratio of specific
mixture, mg. c./min. mg. activities of
Experiment TII) THIII) TI(T) TIIIE) TI(TII) and TI(I)
Solid THCl 3.12 2.00° 31.5 321 10 (=1)
T1sCly control 3.12  2.00> 18.6 241 13 (=1)
Solid ThBrs 32.4° 10.8° 102 27.8 0.27 = (0.05)
ThBr; control .1 18.4 8.7 W.2 0.2 ={ W

@ For the T1,Cl; experiment, the specific activities were
calculated on the basis of the amounts of T1(I) and TI(III)
added; for the T1,Br, experiment, see footnote (c). °In-
cluding 0.96 mg. of active TI(IIT). ¢ These numbers, esti-
mated from the solubility data of Benrath, are included to
indicate the probable size of the TlsBr; precipitate; only
the ratio of activities is important for the interpretation of
the experiment.

The experimental results (Table I) are that
within the uncertainties of the experiments there
is no exchange in the solid state. These uncer-
tainties are dite to experimental errors and due to
the possibilities of differences between the control
experiments and {he sxperimenis in which sohd
T1,X; compounds were separated as to: (a) de-
gree of homogeneous exchange in solution, (b) de-
gree of induced exchange on precipitation of thal-
lous chromate. For the TLCL experiment, the



calculated ratio of specific activities of TI(ITT) and
TI(I) for complete equivalence in the solid is 2.1
accepting the validity of the control experiment
(and assuming no exchange between the solid
T1,Cl; and the excess adhening TI(III)). For the
T1,Br; experiment this ratio is 1.0. Because of the
" evidence that TI;Cly has 64 thallium atoms per
unit.cell,? it is worthwhile to emphasize that our
data are not sufficiently accurate to exclude the
possibility that a small fraction of the TI(I) and
TI(ITI) atoms occupy equivalent positions in the
T1X; lattice.

(2) Figure 1 exhibits the absorption spectra of
some thallium (I) perchlorate, thallium (III) per-
chlorate, and mixed solutions in 3.2 and 1.6 F per-
chloric acid. Thallium (III) is more colored than
TI(I) and there is no appreciable non-additive ab-
sorption in the mixed solutions. The extinction
coefficients of TI(III) calculated from these data
(Table IT) show that TI(TII) is more colored at
lower acidities, suggesting an increased hydroly-

sis of TI*++* to TI{OH)* or TI{OH),**. Har-
TasBLE 1]
ExtIincTiON COEFFICIENTS OF TI(I11) As A FUNCTION OF
AcipITY
A (mg) 200 280 270 265
e {TI(IID)(1.6 F HCIO,) 2.25 4.6 9.5 13.3
e (TI(111))(3.2 F HCIOy) 1.8 325 6.1 85

bottle and Dodson! and Prestwood and Wahl!
(6) Jerslev and Higg, Experientia, 3, 4905 (1946)

have previously suggested such a hydrolysis to ex-
plain the variation of the rate of exchange between
TI(I) and TI(III) with acidity.

Most of the known cases of interaction absorp-
tion in solution are in media containing excess
chloride 10ns.  The insolubility of thallous chlo-
ride in water and dilute solutions of thallic chlo-
ride, and the presence of free chlorine in concen-
trated thallic chloride solutions (3.5 F) in which
thallous chloride has an appreciable solubility?
prevented an exact spectrophotometric study of
solutions having significant concentrations of
thallous and thallic chlorides. We can report
however that as successive portions of solid thal-
lous chloride were added to a 3.4 F thallic chloride
solution containing some (ca. 0.03 F) free chlorine,
the optical density of the resulting solutions de-
creased (as the chlorine was removed) and became
constant at the values: A\ = 380 mu, D = 0.065;
g = 360 mu, D = 0.66, for a solution that con-
tained 0.04 F excess TI(I). Since the optical den-
sities of the solutions never increased as the TICl
was added, there was probably no significant in-
teraction absorption in the solution.

This work has been supported by the Offjce of
Naval Research. We are grateful to Dr. Gérman
Harbottle for communicating to us his excellent
method of separating thallous and thallic ions.
CoONTRIBUTION No. 1307 FROM THE :

GATES AND CRELLIN LABORATORIES OF CHEMISTRY

CALIFORNIA INSTITUTE OF TECHNOLOGY
PasapENaA 4, CALIFORNIA ReceIvED JUNE 8, 1949
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PART II
Spectrophotometric Investigation of the Copper (II)

Chloro-complexes in Aqueous Solutions of Unit Ionie
Strength

Introduction

The marked influence of chloride ion on the formal
extinction coefficient5 €, of copper (II) in aqueous sol-
utions, as illustrated in Fig. 1 for the 230-400 mp wave-
length range, 1s generally attributed to strongly absorbing
chloro-complexes of copper (II). One may therefore con-

sider the equilibria represented in equations (1).

- - = 2=n
cuc13™® + c1” = cuclg

= 1,2,3,4 (1)
[CuClﬁ"n ] / ‘-_CuC]_I“?L:I:}_l ]{ Cl'] = K, n 1293

The quantities in brackets in the equations are taken to
be concentrations in units of moles/liter, so that the
mass action constants, K,, are functions of the activity
coefficients of the various ions. Of the previous invest-

igations of these equilibria(l’2’3’4’5°

s the most satis-
factory is that by J. Bjerrum(S). By using spectrophoto-
metric measurements and rough activity approximations,
Bjerrum found that only the copper (II) chloro-complexes
for 1€n<4 in (1) are of importance in aqueous solutions

of cupric chloride and that the approximate wvalues of the

stability constants, K9, at infinite dilution and at 22.5°C
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are K§\<1, K9 = 0.1-0.4, Kg=0.02-0.06, K2=o.003-b.01
liter/mole.

More accurate information about the equilibria of
equation (1) was desired for studies of the non-additive
light absorption in solutions containing the chloro-com-
plexes of copper (I) and copper (II). This dissertation
describes a spectrophotometric study of the equilibria of
eqﬁations (1) in solutions containing copper (II) perchlor-
| ate, hydrochloric acid, and perchloric acid and at an
ionic strength of unity. The ionic strength was fixed at
this value in order to minimize the variation of the act-
ivity coefficients of the particular ions as the composi-
tion of the solution was varied. The interpretation of
the results is based on the assumption that these variations
are indeed negligible, so that one can deduce mass action
equilibrium constants valid at the ionic strength of.the
measurements. (Actually the assumption is that the varia-
tions of the activity coefficient functions which relate
the mass action equilibrium constants to the thermodynamic
constants are negligibly small.) It may be said at this
point that this assumption has been found to be in accord
with the results of the present investigation. Such a simp-
lifying assumption is not applicable for most of the pre-
vious 1lnvestigations of the equilibria (1) which have been
carried out at high and varying ionic strengths. On the
other hand, because of the ready dissociation of the copper

(II) chloro-complexes, they cannot readily be studied in
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much more dilute solutions. Indeed, in the solutions
studied in this investigation, only cuClt and CuCl, have

been present in detectable concentrations.

Preparation and Analysis of Materials

A stock solution of cupric perchlorate was preparéd
by adding an excess of basic cupriec carbonate, CuCO3+Cu(CH),,
to a solution of perchloric acid, removing the excéss solid
by centrifugation and then adding a slight excess, 0.005 F,
of perchloric acid. That there is no detectable hydrolysis
of Cu** to Cu(0H)* in the solutions used is shown by the
fact that the extinction coefficients of cu** ion in per-
chloric acid observed in the present research agree with
the literature values for neutral cupric perchlorate solu-
tions(l).

The copper (II) concentration in the stock solution
was deﬁermined using three independent analytical proce-
dures: (a) ilodometry with a standard thiosulfate solution,
(b) the silvér reductor method of Birnbaum and Edmonds(6),
and (c) spectrophotometric determination uéing the extine-
tion coefficients of copper (II) in cupric perchlorate
given in the literature and assuming Beer's law to hold for
these solutions. The agreement between the results of (a),
(b) and (c) was excellent.

Hydrochloric and perchloric acld concentrations were

determined acidimetrically.
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Apparatus

Measurements of optical density were made with a

Model DU Beckmann Spectrophotometer, using a hydrogen
lamp and rectangular right prism quartz cells of 1.00 cm.
path length. The cells were maintained at constant temp-
érature, 25.2 £ 0.05° ¢ or 46.9 ¥ 0.1° ¢, by means of a
specially constructed cell compartment having a jacket
through which thermostatted water was circulated. The
cell compartment was provided with quartz windowé. The
design and construction of this cell compartment is largely
due to Messrs. W. Schuelke and S. Hart of the machine shope.

- As solutions placed in the cell compartment required
more than one hour to come to thermal equilibrium at the
higher temperature, glass stoppered quartz cells were used

to minimize evaporation.
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General Equation

The general equation which gives the total optical
density, D ( -loglOIo/I), of a solution containing the
copper (II) chloro-complexes of equations (1) (page 3)
will be derived here. The "working equations" used in
ﬁhe neit two sections are most easily obtained by neg-
lecting the proper terms in the general expression for D
derived below. The optical absorption by chloride ion
will not be included as this is completely negligible at
the wavelengths employed in this investigation.

We let

Xn

€, = extinction coefficient of the nth chloro-

equilibrium constants defined in equations (1),

complex,

a = formal concentration of copper (II) per-
chlorate,

b = formal concentration of hydrochloric acid,

Cph = concentration of the n®h chloro-complex in
moles/liter,

lc1™]= concentration of free chloride ion in
moles/liter.

The quantities Cy, Ko and €, refer to Cu** and K, is
taken to be unity. The total optical density'of a solution

containing copper (II) and chloride ion is then
4
D = E:.Ench (2)
n=o

From equations (1) C, may be written

mn n
Cn = COI‘; Ki [.C\ J (3)
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The equation representing the conservation of copper (II) is

4- n
a = COZ [C!'J“}T Kl'. . (4)
n=o 2o

By combining equations (2), (3) and (4) one obtains the
- desired equation)
2[01 e.,\TTK
D= a =2z . (5)

Z [l EH‘L

This equation is useful for the determination of the€

and K, when it is possible to estimate the free chloride

ion concentration in aqueous solutions containing copper (1II1).
In the absence of a convenient direct experimental method

for the determination of the free chloride ion concentra-
tion it is necessary to consider, in addition to equation (5),

the equation representing the conservation of chlorlde ion,

ZﬂY_Cll Tﬁ(
[Cl-]=b_ ﬂgo .
5 el TR @

“= o

Fortunately in both this and Bjerrum's investigation it has
been possible to employ solutions containing concentrations
of copper (II) and chloride ion such that the second term
on the right hand side in equation (6) may be neglected in
a first approximation.
If the K, were independent of the composition of solu-
tions containing cupric perchlorate, hydrochloric and perchloric

acids, then equations (5) and (6) would permit an interpreta-
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tion of the observed dependence of the optical density,
D, on the formal concentrations of copper (II) and chloride
and wavelength in terms of the &, and K,. Actually solu-
tions_containing appreciable concentrations of CuClg and
CuClz require large concentrations of free chloride ion
(4-10 F) and for such solutions the K, are expected to de-
pénd upon the composition of the solutions. Bjerrum's de-
termination of the K, requires unverified assumptions
concerning the variation of the Kn over large concentration
ranges and in this respect his results may not be completely
satisfactory. |

It may be mentioned that if the concentration of free
chloride ion approaches infinity, equation (5) simplifies
to

D = (Leq. .

Bjerrum has attempted to realize this condition by extrapo~
lating the optical densities of concentrated hydrochloriec
acid solutions containing small concentrations of copper (II)
to infinite chloride ion concentration. If the absence of
higher chloro-complexes is assumed, then this extrapolation
glves the extinction coefficients of CuCli regardless’ of
considerations of activity coefficients. The extinection
coefficients, €4, obtained in this extrapolation are close
to those given in Fig. 4. Since in general the extinction
coefficients of a particular ionic species do not depend
strongly on the ionic strength of a solution, it is possible
to compare the €4 obtained by Bjerrum with the Gl and€2

obtained in this investigation.
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Determination of the Absorption Spectrum,
Equilibrium Constant, and Enthalpy of Formation
of CuCl¥ in Aqueous Solutions of Unit Tonic Strength

In order to isolate the light absorption of the first
chloro-complex, CuCl*, the optical densities of solutions
containing very small chloride ion concentrations and much
larger copper (II) concentrations were determined. Repre-
sentative values of the extinction coefficients of copper
(II) in such solutions are displayed in Fig. 1 (curves 6,
7 and 8); these show that CuCl' is much more colored than
cu*? in the 260-280 mY wavelength range. (This is not the
case at longer wavelengths, 550-1,000 mv, where the formal
extinction coefficients of copper (II) are far less sensi-
tive to the concentration of chloride ion.)

The simple egquation,

ab=_a_ 4 1 __, (7)
D=D? €1-€O Kl(e 1-60)

where D' = a€,, was used to interpret the experimental
data so as to obtain K, and €; for cucl*. This equation
may be derived from equation (5) and may be used to deter-
mine K and El_subject to the following conditions.
(&) The concentrations C, for n 2 Rare negligible
compared to C, and Cl‘

(b) The optical densities €,C, are small compared to

€110

{c) The concentration Cl is small compared to C,.
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(d) The value of K; is independent of the composi-
tion of solutions containing éopper (II) per-
chlorate, hydrochloric acid and perchloric acid
when these solutions are maintained at a constant
ionic strength of unity.
(e) Both terms on the right hand side of eguation
(7) are comparable in magnitude.
(f) The optical densities of the solutions are measur-
able with the apparatus available.
(g) Complexes of copper (II) other than those given
in equations (1) do not exist in detectable con-
centration in the solutions described in (d).
The experimehtal data is used to show that all of these
conditions do hold for the concentration range, a = 0.007,
b = 0.1-0.3, and for the wavelength range 260-280 mP,_to
within the experimental error.
The experimental values of ab/(D~D') are plotted against
O in Fig. 2 for three wavelengths and two temperatures.
The plots are straight lines within the experimental errors,
as predicted by equation (7)., According to this equation
the ratio of the "y" intercept to the slope gives K; and
thé reciprocal of the slope gives 61 -€p. (For the wave-
lengths used,260 - 280 mp EO is negligibly small in com-
parison to €7.) The results of a least squares treatment
of these data, giving the most probable values of K3

together with the probable errors, are given in Table I,
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The linear character of the plots in Fig. 2 and the con-
cordant values of K1 obtained at different wavelengths
establish the validity of the assumptions made in deriving
équation (7).

Back calculations using the values of K, and El and
. the values of K, and € , determined subsequently, show that
the numerical approximations used in formulating equation
(7) introduce no appreciable error in the evaluation of K1
and €.

The approximate value 600 ¥ 350 cal. for the enthalpy
of formation of CuCl' from cu't and c1-,AH at unit ionic
strength, is obtained from the da;a of Table I giving Kl
at two temperatures by neglecting any variation of AH with
temperature. The corresponding entropy change is A4S =
2.5 5 1.2 cal./deg. The value of AH is in agreement with
Bjerrum's "order of magnitude" estimate of this quantity,
1.2 Kecal./mole, |

The positive value of AH is not unreasonable in view
of the probable loss of hydration energy correspdnding to
the formation of Cu.Cl+ from cupric and chloride ions. The
increase in entropy may also be accounted for in large
part by the different hydration entropies of these three
ions. From the relative magnitudes of AH and TAS (750 cal.)
it is clear that the entropy termTAScontributes strongly

towards the stability of CuClt in aqueous solutions.



~14-

-D'
OO — 270 ]
/:/u/‘/m.ﬁ‘?/u/
0.00 ' | ’
O\ 0.2 03
1N

Fig. 2. Determlgatlon of

at two temperatures,
0, 25.2° C3; A, 46. %



Table 1
Determination of the Equilibrium Constants Kl and K,

Temperature Wavelength Most Probable Ky

o¢ mp liter/mole
25.2. 260 1.29 ¥ 0.10
W 570 1.30 * 0.06
" 280 1.30 % 0.04
Ky = 1.30 £ 0.03

46.9 270 1.39 ¥ 0.05
" 280 1.395i 0.11
Ky = 1.39 % 0.05

Best value K2

liter/mole

25,2 280 0.11 % 0.02
" 290 0.29 s 0.04

" 300 0.18 ¥ 0.11
K. = 0.23 ¥ 0.15
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Determination of the Absorption Spectrum and
Equilibrium Constant of CuCl% in Agueous Solutions
of Unit Ionic Strength

The extinction coefficients, €,, and equilibrium

constant, Ky, of CuCl, were determined by measuring the
optical densities of solutions in which the ratio of the
éhloride to coppér formal concentrations (b/a) was in-
éreased over that used in the above experiments until
solutions were obtained in which the copper (II) w;s-
largely present as cu*t ana cucit along with smailer con-

centrations of CuC12. The equation used to determine Ko

and 62 from the optical densities of such solutions is

[

o L
D, = €KK, €' (8)
- ey
- €|K| _‘__ +_‘:C\l_:l_ — Q‘——L_
where F o= [Crla [E‘K' €\ DC_

.and , Dc.= G v Eala,

This equation may be derived from equation (%) and
may be used to determine K, and 652 subject to the follow-
ing conditions.

(a) .The concentrations Cn for n= 3 are negligible
compared to C,, C; and C,. (This condition is
expected tec hold when C, 1is small.compared to
Co and Cyg.)

(b) The optical densities €,C, are negligible for

n= 3.
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(¢) The values of K; and Ko are independent of the
composition of solutions containing copper (II)
perchlorate, hydrochloric and perchloric acids
when these solutions are maintained at a codstant
ionic strength of unity.

(d) Both terms on the right hand side of equation (8)
are comparable in magnitude.

(e)y, (f) Condltions (f) and (g) of the preceding
section must of course hold here also.

Again the experimental results will be used to esta-
blish the validity of the assumptions made in deriving the
working equation for the wavelength and concentration
ranges employed. In this case, a = 0.002-0.10, b = 0.,1-0.8,
A = 250 - 300 mp. |

Satisfactory first approximations to‘blfjand Dé in
equation (8) are [C1"] = b and D, =D - D'*. A numerical

*The definition of D' given in the preceeding section
would be adequate here if the solutions employed were free
of minute concentrations of impurities and cupric perchlor-
ate solutions obeyed Beer's law over wide concentratlon
ranges. In this section we shall let D' = €,Ucu*"] +
(optical density of "“impurities"). The second term in this
equation can be 1mportant only when €, is small and is com-
pletely negligible in the experiments described in the
precedinig section. The uncertainties in D' described
later in this section may be attributed to impurities de~
viations of cupric perchlorate solutions from Beer's iaw,
or both. In any case these uncertainties are so small
that they cannot account for the spread in the experimental
values obtained for K-, showing that impurities or deviations
from Beer’s law canno% be the principalk source of error.

The problem discussed here is commonly encountered in spect-
rophotometric work when one attempts to distlngulsh between
the very weak absorption of an ionic species (here Cutt)

and that of possible impurities contained in the solvent.
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and graphical analysis of the data using equation (8) and
these first approximations yielded values of €2K2 and €5
at six wavelengths in the 250-300 mp range and values of
€1X1 at wavelengths 250,290 and 300 . (Calculations at
260, 270 and 280 mp were considerably simplified by using
values of €) K; found in the determination of K;.) The
fact that practically all of the data fitted the form of
equation (8) indicates that, within the experimental errors,
the assumptions used in formulating equation (8) are justi-
fied. 1In particular, the linear character of the plots of
a/D, vs. F as shown in Fig. (3), shows that there is no
detectable contribution of CuCl3‘ to the color of these
solutions.

For a second approximation to the solution of equation
(8) the deviation between b and LC1™] has been calculated
using the first approximation to Kp. The chloride dorrec-
tion is small,~1%, and only slightly different values of
K2 are obtained in the second approximation.

The evaluation of K2 appears to suffer from two serious
sources of error. At the shorter wavelengths of the
250-300 mr range, the scatter of the experimental points
in the plot of a/Dc vs. F results in considerable uncertain-
ty in the value of the small intercept, l/€,, and thus in
the value of K, given by (1/K;) times the ratio of the
intercept to the slope. Values of K, ranging from 0.15 to
0.54 liter/mole were obtained at the wavelengths 250, 260
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and 270 mP. At the longer wavelengths, 280, 290 and

300 mY, the principal known source of error is the un-
certainty as to the exact dependence of D' on the con-
centration of Cu**. As the uncertainties due to expefi-
menﬁal scatter are smaller at these longer wavelengths

and as the extreme limits of K2 due to the uncertainty

as to D' may be accurately determined (D' may be taken
proportional to the Cu** concentration, or it may be

taken as constant, this.uncertainty usually amounting

to ¥ .005 in Dg), it is thought that the experimental
values of K, determined at these three wavelengths are
most reliable. In Table I, the margin of error given for
K, at each wavelength was calculated solely from the un-
certainty in D', It is evident from Table I that there
are systematic sources of error in K, which are greater
than those due to the uncertainty in D' alone. The.sources
of these errors are unknown. By weighting the determin-
ations at the longer wavelengths most heavily, one obtalns
for K2 the value 0.23 liter per mole with a safe margin of
error, Z 0.15.

It may be noted that the slopes of the lines of Fig., 3
give values of 1/(KjK2€5) which are much more accurate than
the separate values of Ko and 62. The absorption spectrum
of CuCl,, given in Fig. 4 together with those of CuCl?
and Cu'?, has been calculated from the values of 62K2
assuming the value of Ko to be 0.23 liter/mole. The appar-
ent extinction coefficients of Cu (II) in 4.7 F CaCl,
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Fig. 3. Determination of Kg
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are also included for comparison(l). This curve is usually
assumed to be due principally to CuClz. The apparent shift
of the "electron transfer" spectrum of Cu(II) to longer
wavelengths with increasing chloride coordination is simi-
lar to that which has been observed for several other

systems of cation-anion complexes(7).
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3.0

103 €

Fig. 4. Absorption spectra of Cu""", Cucl?, CuCl, and the
supposed absorption spectrum of CuClz. - O, 25.29;
A, 46.9°, (CuCly curve, curve 5 of Fig. i.)
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Part III - A
Optical Interaction between the Chloro-complexes

of Copper (I) and Copper (II) in Aqueous Solutions
of Unit Ionic Strength

Introduction

Several investigators have remarked upon the fact that
hydrbchloric acid solutions containing copper in two states
of oxidation, copper (I) and (II), exhibit an optical ab-
sorption in the 400-600 mP wavelength range which is mark-
edly greater than that which might be predicted from Beer's
Law and the absorptions of the individual components(l)’(z)(3).
Similar phenomena have been observed in 6-12 F hydrochloriec
acid solutions containing the mixed oxidation states of

(3),(4),

other elements tin (II) and (IV), antimony (III)
and (V) and iron (II) and (III). For each of these three
systems, it has been found that the optical interacﬁion ab-
sorption, defined as the difference between the optical

density (D = log /I) of the solution containing the

lOIO
mixed oxidation states of the element and the optical den-
sity predicted from Beer's Law and the absorption of the
components, is proportional to the product of the formal
concentrations of the two oxidation states of the element.
Apparently chloride coordination, or perhaps in general
halogen coordination, of either or both of the oxidation
states of the element 1s essential, as no interactlon is

observed in aqueous solutions free of halogen ion and the

interaction absorption has always been observed to increase
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with increasing chloride ion concentration.:

If one takes the point of view that the optical inter-
action in these solutions is due to one or more "interaction
complexes" (either ions or uncharged species), then the above
mentioned facts indicate that such interaction complexes
will contain two atoms of the interacting element, one in
each oxidation state, together with a number of coordinating
chloride ions.

The chemical formulae of the interaction complexes of
a particular element might be established by a determination
of the dependence of the optical interaction on the activ-
ities of theé.several complex species of the two oxidation
states of this element. At present, the lack of completely
quantitative information on the constitutions, concentrations
and activity coefficients of each of the chloro-complexes
of the two oxidation states of tin, antimony, iron énd'
copper in 6-12 F hydrochloric acid solutions, where the
interaction is usually observed, prevents a quantitative
study of the interaction complexes in any of these solutions.

However, the optical interaction absorption of the
copper (I,II)-hydrochloric acid system is sufficiently in-
tense that, by employing a 10.0 cm. light path, it is pos-

sible to measure the interaction absorption in relatively
*Experiments by Mr. J. Ibers of this Institute show that
there is no optical interaction between the amine Eomplexes
of coppeg (I) and copper (II), or between Fe(CN)¢™ " and
Fe(CN)6- .
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dilute solutions (\lg‘_ = 1.0) in which the formulae and
concentrations of the predominate chloro-complexes of
copper (I) and (II) are known and where it is reasonable
to assume a negligible variation of the activity coeffi-
cienﬁs of particular ions as the composition of the sol-
ution is varied at a constant ionic strength.

The purpose of this dissertation is to: (a) give
the quantitative data used in the determination of the
concentrations of the predominant chloro-complexes of
copper (I) and copper (II), (b) give the results of a
determination of the dependence of the optical interac-
‘tion absorption on the concentrations of the complex ions
of (a), (c) present the conclusions that have been drawn
from (b). It is to be emphasized that all of the solutions
used for the studies (a) and (b) were maintained at a fixed
total ionic strength of 1.0 with perchloric acid and.that
the conclusions of (c¢) are based on the assumption that the
activity coefficients of individual ions are constant in

such solutions.

Copper (I) Chloro-complexes

The studies of Noyes and Chow(S) and Chang and Chacé),

as well as others(7)’(8) indicate that only two copper (I)
chloro-complexes, CuClE and CuClg are present in 0.2-0.8 F

hydrochloric acid solutions saturated with cuprous chloride.
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If ky and ko, are the mass action equilibrium constants for
the reactions,

CuCl(s) + C1” = CuCl; ,

- = (1)
CuCl(s) + 2C17 = CuCl3,

then the formal solubility, S8, of copper (I) chloride in
solutions containing a free chloride concentration, [Cl‘],

is given by the equation,
s =k [c17] + Kk, [c1]2. (2)

The determinations of the solubility of cuprous chloride

in solutions containing varying amounts of chloride ion,
copper (II) and copper (I) chloro-complexes, hydrogen ion,
and perchlorate ion and adjusted to an ionic strength of
1.0, are represented by the above equationlwith Ky = 0,075
and k, = 0.034 liter/mole. This is illustrated in Fig. 5
where 0.075[C17] + 0.034[c17]2 is plotted, together with
the observed values of S, against the calculated concentra-
tion of free chloride ion. Consequently, for solutions
saturated with cuprous chloride, we take 0.075 [C17] as

the concentration of CuClj and 0,034 [c17]% as the concen-
tration of CuClg. The values of kj and k, determined at
25.1° are in fair agreement with Noyes' value of k; = 0.066
and Chang's value of kp = 0.034, determined at 25.0° from
the solubility of cuprous chloride in pure hydrochloric
acid. The applicability of the last two constants to our
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solutions of ionic strength 1.0 is not certain however,

It is to be emphasized that for the solutions employed
in this investigation the solubility of CuCl depends only
on the concentration of free chloride ion and not on the
formai cupric ion concentration, to within the experimental
error. This fact indicates that the total concentration of
complexes copper (I) and copper (II) is small compared to
the concentration of complexes containing copper (I) alone.
‘On the basis of the data.presented in Fig. 5 the upper
limit to the total concentration of complexes containing

copper (I) and copper (II) is estimated to be 5 x 1073F,

Copper (II) Chloro-complexes

The concentrations of the predominate copper (II) chloro-
complexes and the concentration of free chloride ion present
in solutions of 0.080 - 0.300 F copper (II) and 0.80 - 0.20 M
free chloride ion and maintained at unit ionic strength were
calculated from the mass action stability constants for the

equilibria,*

cut* + c1~ = cuc1®,

Ceunct*] .
Tew *1ver] = K.‘ =130t . 03 \\'\'erl\malc. (3)
cucl* +C\ = CuCla_,
Lcullal . K. -.0a3t.§ Wer /wrole. "

Tewe™ltar]l ~

* See Part II of this Thesis.



-29-

0o8% ' | _

0.06G6 - —

0.04% - ]

o.0d _ ]

0.00 | I |
o0& _ 0.6 1.0

Fig. 5. 0, Experimentally measured solubilities of CuCl
in chloride containing solutions of unit ioniec
strength. Curve is drawn_from equation (1), _
8 = .075 [€17] + .034{c17)°. Units are moles/liter.
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Fig. 6 shows the calculated distribution of copper (II)
among the species Cu**, cuCl't and CuCl, aé a function of

the free chloride ion concentration, using the above values

of Kl and K2°

Determination of the Optical Interaction Between
Copper ZIS and Copper ZIIS Chloro-complexes

The plots of Fig. 7 are typical examples of the data

obtained for the determination of the dependence of the
optical interaction on the concentration of the chloro-
complexes of copper (I) and copper (II). The optical den-
sities* of the solutions containing copper (II) and chlor-
ide ion but no copper (I), given in the "b" plots of Fig. 7,
are due to the absorption by Cu**, cucl? and CuClz. The
Ha" plots of Fig. 7 give the optical densities of solutions
which contain the same calculated concentrations of Cutt,
cucl® and CuCl,, as do the corresponding "b" plots, but
which in addition are saturated with copper (I) éhloride.
The corresponding "a'" and "b¥ plots which contain the same
formal concentration of copper (II) and the same calculated
concentration of free chloride lon, have been designated
with the same Roman Numeral in Fig. 7. Since the two pre-
dominant copper (I) chloro-complexes in these solutions,
CuCl™p and CuCl3, are colorless in this wavelength range,
the optical interaction absorptiontlD,_islobtained directly
by subtraction of the ordinates of the corresponding Ma®
and "b" curves.

* A1l optical densities have been reduced to a light path
of 1.00 cme
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Fige 7. Typical data used for the determination of
optlcal interaction absorption. I-a lcu(II)]
0.080 F, [€1~J = 0.80 M, {cu(I)]= 0.082 F;
I-b ‘pu(II)] 0.080 F, [Cl‘] = 0.80 M;
II-a {Cu(I1)31=0.250 F kci=3J = 0.30 M
ECu(ﬁ 0.026 F I1- b lcu(II)3= 0.250 F
Lc1- = 0,30 M
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Several dilution experiments at 0.60 M free chloride

ion concentration have shown that the optical interaction

absorption, AD, is within the experimental error, propor-

tional to the product of the formal concentrations of

copper (I) and copper (II). As stated previously, this

. shows that the interaction absorption is due to one or more

chloro-complexes, each containing one atom of copper (I)

and one atom of copper (II). For solutions which are

saturated with copper (I) chloride, the interaction complexes

can be considered as being formed according to the equations,

cucl(s) + Cu** + nc1” = cuyc1Z}R (3)

with mass action equilibrium constants, Lp.

a-n

L, = ‘-_c“aann (4)
fcuwr] L™

One may assume here that the Lp's are sufficiently

small so that the total formal concentration of the inter-
action complexes is small compared to the formal concentra-
tion of copper (I) and copper (II). (This assumption is

in accordance with the results of investigations of inter-
action absorption in systems containing other elements(3)’(4b.
Then the concentration of free cupric ion, {pu*f], appear-
ing in (4) 1is related to the total formal concentration of
copper (II), (cu(II)], by the equation,

leuzn)l = [Cu++]( 1+ XKlc171 + xp%5 el 2) o
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The free chloride ion concentration, [Cl“], can be calcu-
lated from the total formal concentration of chloride and
amount of chloride bound in copper (I) and copper (II) com-
plexes. Then if En is the extinction coefficient of
Cuzclflﬁ,t\n = 2_B, [Cu?_c:li;g]. A suitable function for

graphical analysis is Q, given by the equation,

Q -ap(1 + Kpfc11 + k1Ko [c1712)
[cu(z1)]

= ;oLn E, lei-1"

(5)

The results of the present investigation are that for
solutions containing 0.2, 0.3 and 0.4 M calculated free
chloride ion concentration and 0.30, 0.25 and 0.20 F

copper (II) the function Q is proportional, within the
experimental error of 4-6%, to the square of the chloride
ion concentrations; that is the third term in the summation
of equation (5) is most important in these solutiéns. This
dependence on the chloride ion concentration is found to
hold for all wave lengths in the range 425-600 mv. Repre-
sentative data at two wavelengths are given in Fng 8. For
these solutions, the uncertainties in Q and in the calcu-
lated free chloride ion concentrations due to the uncertain-
ty in Ko, are less than the 4-6% experimental error.

This quadratic dependence on the chloride ion concen-
tration implies the existence of a strongly colored uncharged
interaction complex, Cu2013, and practically no contribution
to the interaction absorption by the complexes Cu,Cl¥* and

+
CU.2C 12 -
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Fig. 8. Typical plots used for the determination of the
relative magnitudes of the first terms in the
power series of equation (3) for solutions of
low free chloride ion concentrations.
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Plots of Q/(bl”lz vs. wavelength are given in Fig. 9
for the calculated chloride concentrations 0.2, 0.3, and
0.4 M. Since Cu2013 is the complex primarily responsible
for the interaction absorption in these solutions, the
vertical coordinates of Fig. 9 are proportional to the ex-
~ tinetion coefficients, Ep, of this complex, the proportion-
aiity factor being Loe

It may be seen from Fig. 8 that at higher concentrations
of free chloride ion, 0.6 and 0.8 F, Q increases somewhat
more rapidly than the square of the free chloride concen-
tration. However, the uncertainties in Q in this concentra-
tion range, 7-11%, due to the uncertainty in K, (K2=O.23t215)
and due to experimental errors, do not allow a determination
of the relative magnitudes of the higher terms in equation (5),
especially the relative values of the coefficients of the
€193 and {c17)% terms. The evidence for contribution of
higher (than quadratic) terms to the interaction ébsorptiOn
is in accord with earlier observations of much greater
interaction in more concentrated hydrochloric acid solutions.
For example, Fig. 10 shows an absorption curve similar to
that of Fige. 7, giving the interaction absorption between

copper (I) and (II) in é F hydrochloric acid(32
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Fig. 9. Relative absorption spectrum of the postulated
interaction complex, CusCl3. The vertical co-
ordinate is proportional to the extinction co-
efficient of this complex, Eo. Calculated free
chloride ion concentration, %Cl‘); b, 0.20 13

?, 0.30 M; -0y 0.40 M.
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Materials and Procedures

A stock solution of cupric perchlorate was prepared
as described in Part II. Solutions of cupric perchlorate
and cﬁpric chloride were analyzed for copper (II) by the
silver reductor method of Birnbaum and Edmonds(9), using
pure copper metal as a primary standard. This involves
the analysis of a copper (I) solution by treatment with
‘excess iron (III) and titration with cerium (IV) to an
o-phenanthroline end point, the same procedure was used
for the determination of copper (I) in the interaction
mixtures. This method of analysis for copper (II) was
checked with the usual iodometric analysis, employing a
standard thiosulfate solution. Perchloric and hydrochlor-
ic acid solutions were standardized acidimetrically.

In general, a copper (I,II) (or "interaction") solu~-
tion was prepared by shaking an excess of reagent grade
copper (I) chloride with a copper (II) solution contained
in a centrifuge bottle placed in a thermostat at 25.1°,
The solid éopper (1) chloride was washed several times with
portions of the copper (II) solution before the final sat-
uration in order to remove any copper (II) present with
the so0lid due to air oxidation. The washing was carried
out under a carbon dioxide atmosphere. The composition of
the copper (II) solution, which was prepared from standard
soclutions of cupric perchlorate, cupric chloride, hydrochlor-

ic and perchloric acids, was calculated to be such that the
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‘resulting copper (I,II) solution had the desired free
éhloride ion concentration and an ionic strength of 1.0.

The change in volume on solution of copper (I) chloride

was assumed negligible. The uncertainty in the calculated
free chloride ion concentration in these solutions, due

to the uncertainty in K,, was never greater than 2.5%.

It was found necessary to carefully centrifuge (2500g.)
each copper (I,II) solution in order to remove suspended
particles of solid copper (I) chloride which were otherwise
responsible for considerable scattered light., After centri-
fugation, the solution was replaced in the thermostat for
1/2-1 hour and then transferred under a carbon dioxide
atmosphere to a glass stoppered quartz spectrophotometer
cell of 10.0 cm. light path. The absorption spectrum was
then measured as rapidly as possible (15-20 min.) using the
Model DU Beckmann Spectrophotometer. As the room tempera-
ture was always within 3°© of 25° (usually 25 % 10) ahd as
the volume of the solution contained in the cell was about
30 ml., it 1is probable that little change in the tempera-
ture of the solutions occurred during the time reguired
for the spectrophotometric measurements.

The cell solution was then immediately analyzed for
copper (I) and for total copper by the method outlined
above(g). In this fashion the soclubilities of copper (1)
chloride were measured and a constant check was maintained
to insure the absence of any air oxidation of copper (I).

No such oxidation was observed within the accuracy of the
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analyses for total copper, ca. * 0.0015 F.

An example of the method of making up the solutions
and an indication of (a) the reliability of the equilibrium
constants Ky, Ky, k; and k2, (b) the reproducibility of the
solubility determinations and (c) the accuracy of the
assumption of constant activity coefficients, is given by
the following experiments: A solution containing 0,150 F
CuCly, 0.445 F HC1l and 0.251 F HC1l04 was saturated with CuCl.
The calculated concentrations (in moles/liter) of the various.
components of this solution are: [Cut+] = 0.0794, [cuci*] =
0.062, Lcuc1,] = 0.0086, [cuci3] = 0.045, [cuci3 1= o.012,
Lut] = 0.696, [c107]= 0.251 and [c1-1 = 0.597. The calcu-
lated ionic strength of this solution is 1.01l. The experi-
mentally observed sclubility of CuCl in this solution was
0.057 F.

A second solution was prepared containing 0.075 F
CuClp, 0.561 F HC1l and 0.280 F HC1l04 and was saturated with
CuCl. The calculated composition of this solution is:

Leutt) = 0.0397, [cucit] = 0.031, fcuc1,] = 0.0043, [cuc1s])
= 0.045, Lcuci3) = o.012,{#t] = 0.841, {c107]}= 0.282 and
{Cl'] = 0.602. The ionic strength is 1.00. The experi-
mentally observed solubility was 0.058 F.

In general, the uncertainties of the calculated total
ionic strengths of these solutions, due to the probable
errors in the stability constants of thé chloro-complexes of

copper (I) and copper (II) are estimated to be 5%'or less.
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Part III - B

Interpretations of the Spectral Absorption of a
Copper (I) - copper (II) Chloro-complex

Introduction

Although the semiquantitative interpretation of the
visible absorption spectra of certain organic dyes con-

taining nitrogen in two oxidation states appears to be well

3€10)

establishe s Do satisfactory qualitative interpretation

of the marked coloration of systems containing a metallic
element in two oxidation states has been given. The complex,
Cu2013, present in small concentrations in dilute hydro-
chloric acid solutions containing copper (I) and copper (II),
may be considered a typical example of a strongly colored
compound containing a metallic element in two oxidation
states. In this Part two interpretations of the 400-600 mP
absorption spectrum of Cu2013 are advanced and discussed.
Interest in the visible spectral absorption of small*concen-
trations of Cu2013 stems from the fact that much larger con-
centrations of Cu(I)Cl; or Cu(II)Cl, are transparent in this
wavelength range**,

The average conformation of Cu2013 in aqueous solutions
* The concentration of CupsCly in the solutigns descrited in
Part III - A is estimated to be vetween 1077 and 0.01 I,
A careful experimental investigation of the effeci of Cu(IIl)
on the solubility of CuCl(s) might serve to reduce the larger
limit.
** The absorption spectrum of CuCl, in agueous solution is
given in Fig. 4, and the relative absorption spectrum of _
CupCly is given in TFig. 9. The absorption spectrum of CuCls
is no% known exactly but it 1s practically certalin that it

lies to the short wavelength side of the absorption spectrum
of CuCl,. In general, only absorption spectra in the 200-700 mY

wavelength are considered in Part III-B.
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i1s not known. Interpretationé of the absorption spectrum
6f this complex require specific assumptions concerning
its structure (including water molecules). In the follow-
ing discussions it will be assumed that the average molecule
-of this complex which is responsible for the greater part
of the observed optical absorption is topologically linear
with copper and chlorine atoms occupying alternate positions
in the molecular chain. This structure appears to be as
reasonable as any other and bears considerable formal
resemblance to the structures of the organic dyes referred
to above. The average conformation of CuyCly will be
schematically represented by Cl-Cu-Cl-Cu-Cl. Coordinating
water molecules are understood to be present.

Although a thorough treatment of the electronic
energy levels of a molecule of this type is highly imprac-
tical at present, it is felt that some progress in undef-
standing the optical properties of this complex may be
possible through analogy with simpler systems which are
more amenable to qguantitative treatment. The two "inter=-
pretations"™ of the spectral absorption of Cu2013 given
below represent limiting cases in the sense that the alter-
native idealized descriptions of the ground and excited

electronic states of Cu2C1 correspond to simpler systems

3
whose quantum mechanical descriptions are essentially dif-
ferent. It is of course possible that the best description
of the ground and first excited states of CupCly in the

400-600 mp range is intermediate to these limiting cases.
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Interpretation I

The Cyanine Dyve HWodel

Possible electronic structures of Cu2C13 in aqueous

solution are*

i
cx—Cu(II)-Cl-C“U-)‘C‘ (1)

* N
C\- Cu(I)-Cl-Cu(lﬂ-Cl (2)
A - cv (D)~ ~cu@) -
Q- Cu([)-c"\ -Cv (I\-ci
c1-Culd-cl-cull)-Q) (3)

The asterisk indicates the position of an unpaired electron

in an atomic orbital. The three structures (3) represent
electronic configurations of Cu2013 which are of higher

energy than those given in (1) and (2). This description

of excited electronic configuraticns of Cu2C13 is similar

to the "electron transfer' description of the excited states**
of cation-anion complexes which has been employed by
Rabinowitch(ll). With respect to probable charge distri-
bution along a molecular chain, the above structures for
Cu2C13 bear considerable resemblance to the valence bond
structures used by Pauling, Herzfeld and SKlar(lo) for the
interpretation of the visible absorption spectra of the
symmetrical cyanine dyes. The valence bond structures

* The positions of the nuclei of copper, chlorine, oxygen
and hydrogen are the same in all of these structures. 1In
these structures dashes indicate contributions of both
covalent and ionic bonds. Except for these five structures
dashes will in general indicate completely convalent bonds.
** (enerally 3-6 e.v. above the ground state,
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employed by these authors are

R, \ 8!
R ON=cH- (en=ctln=Nsy. (1)
R
R ik
'\N - (cH=cw) - cH=N_
Raf n R; (2')
R &

* -
RSN=(ch=ch) g CH- (cH=cHhn g~ N\g,
QA .
R,

R, ¢ c ), =N
R>N_(C\-\=C&;C“-C\-\-CH—(CH= np “Ryp ) (3')
A

The quantum mechanical interaction of structures (1')
and (2') with the excited electronic structures (3') gives
rise to two low-lying electronic energy levels, the ground
state and a first excited electronic state. The intense
visible absorption of such dyes is attributed to an elect-
ronic transition between these two energy levels. The
present interpretation attributes the visible absorption
of Cu2013 to electronic states resulting from the inter-
action of structures (1), (2) and (3). Uncertainties as
to the geometrical structure, electronic configuration,
and hydration energy of Cu2013 in aqueous solution clearly

prevent even a satisfactory semiquantitative quantum mech-

anical treaztment of the interaction between these electronic

structures. Nevertheless, a qualitative treatment will be

shown to indicate the plausibility of this interpretation.
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This treatment will be presented in some detail since
(a) the required quantum mechanical simplifications are
not commonly encountered in treatments of the electronic
states of dye molecules, and (b) it is desirable to clearly
formulate all important assumptions and approximations
employed in these calculations.

In the gquantum mechanical treatment of the interaction
of structures (1), (2) and (3), it will be best to consider
first the case in which the two copper atoms in the molecule
are assumed to be completely equivalent. That is, the

energies of structures (1) and (2) are taken to be identical.

Valence Bond Structures for Cuzclg

The real normalized wave functionAQg)represents an
atomic orbital approximation to a particular valence bond
structure of Cu2013. The superscript j refers to the posi-
tion of the unpaired electron: j =1, 2, 3 indicates the
unpaired electron is localized to an atomic orbital of the
left hand copper atom, the right hand copper atom, or a
chlorine atom, respectively. The subscript g refers to a
particular arrangement of covalent and ionic bonds and,
in case j = 3, also indicates the chlorine atom on which
the unpaired electron is localized. iny doublet spin
states are considered. Some of the\P?)are defined in the
following structures, where dashes indicate completely
covalent bonds and the asterisk indicates the position of

the unpaired electron.
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Resonance between the Valence Bond Structures

This interpretation considers only those electronic

states which are adequately represented by wave functions

of the type R
D )
Q=22 a9, (4)
A gz

)

¢
Only the functionsﬁpi which are linearly independent are
included in equation (4). Since the position of the un-

paired electron in structures (1'') and (2'!') differs by
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about two interatomic distances, the approximations,

W) @) ) &)
J“? Q. dT S‘?ﬂ W 4T =0 (5)

are satisfactory, irrespective of the particular valence
bond structures to which A and L’refer. Here the Hamil-
tonian operator includes terms representing solvent inter-
actions. It will be convenient to imagine a linear trans-

formation of equation (4) which gives
(g) uﬂ

ZZ (6)

)
3
whereq}L is some llnear combination of thek? and where

() (J) J) \J)
S\PL_ K’ kv& 1=, 7

The equations,

S "’\Ph, dr=o, ‘\’U)\-\‘Phc\'[ o

(8)

follow immediately from equations (%), irrespective of the

values of k,and h. By deflnitlon,

Hw ) g‘\"“’H“\'u 4T, (9)

o W R (10)
This interpretation assumes the inequalities (for equivalent

copper atoms)

(( Ha = Hay , * (11)

—_—-_--—-_———-——--—-—-————————————--—u-———————--—-——————-—-—

* The energy'Hu is obtained by minimizing the integral (9)

(with k = k' = j = j! 751) with respect to the parameters
of equation (4). :k is taken positive.
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] | R (),

HL Kk (13)

It is further assumed that only two wave functions,

&\}:'and '-P?), correspond to the energy \'\1(: H?,a e« Assump-
tions (11) and (12) were made to simplify the calculations.
Assumption (11) may indeed be incorrect, but (“;L"Ht\
cannot be calculated at present and a modification pf in-
equality (11) would not seriously affect the conclusions
eventually drawn from these calculations.

Some justification can be given assumption (13). The
quantity‘*:: represents the energy of some linear combina-
tion of valence bond structures in which an unpaired elec-
tron is always on one or another chlorine atom. Since
both the covalent and ionic bonding power of this atom (s)
is small,\\\k does represent an excited state relative to
%“& in that a bond has been broken in going from one set

4of structures to the other. The fact that copper (II)

is not observed to oxidize chloride in aqueous solutions
suggests that the electron affinity of copper (II) and the
strength of a copper (I) chlorine bond are not sufficient

to overbalance the above mentioned excitation energy.

Lowest Electronic States of CUQClq with Equivalent Copper
Atoms

On considering inequalities (11), (12) and (13) it is

seen that the wave functions for the two lowest electronic
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states of -Cu2013 wlll have the form
10)] )
VR BTN G R
where \{)(3) - bm ‘{J

and Z(bm)

Since the copper atoms are equivalent, (c,' |Ca‘ . In gen‘—-
eral, equation (14) will lead to a large secular determinant
and the determination of the b(a) will be complicated; Accord-
ing to the assumptions, ‘Cgt is small in the two lowest
electronic states. The following procedure- is therelfore
used to obtain the two lowest energy levels. Pick out an
arbitrary set of the bi . Holding the by fixed,minim-
ize the energy with respect to the (; . This procedure.
leads to the secular determinant,
H-E O
0 Hu-E oy

33
oA, Naz W-E

~and the two lowest energiles,

“ .____Qf(.t_. ~ n'
E\ = Hh - (H3;=H:: ) Ea“ Hh )

D s s e . s D s s e el gy A T D T T M i AR S S S S e R A A e m o S TS P T o A S S A D e i T T Tt gl o el A oD S Mo s 2

% This calculation, which groups a number of excited State
wave functions into a single variational function, @9,
valid only if (a) Y™ has the symmetry properties of (w“‘ ‘P"’)
or (¥V+¥@) ,and (b) the contribution ( to ¥ or ¥a )
of excited state wave functions having symmetry properties
different from those of Y% may be neglected. As implied
in the footnote to page 51 and in equations (£9) and (50),
the calculations presented here assume that (@ equa
tion (14) has the same symmetry properties as does tw" V)
and that condition (b) above is fulfilled. If this simplify-
ing assumption is not made it is found that the wave functiogs
"¢  contribute to both ¥ and ®a (5ee equations
(29) and (30)). The more general treatment does not alter the
gqualitative conclusions but does give rise to equations of
unwarrented complexity.
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Z N (17)

ad®= o} +oUa; 22

and H33: Z&bﬁ) )a H\;k +a Z "

In obtaining these results it has been assumed that QX /( \'l.’3 R’ )
) '
is small (see (11),(12) and (13) ) and thatg .'qﬂ

where*

and

The following discussion will indicate the latter assumption
to be reasonable. Now it is clear that that set of the 9%
is to be chosen which maximizes a"l-a/ (W*- H")

To recapitulate: Thus far an attempt has been made
to show under what conditions the interaction of a multi-
tude of valence bond structures might give rise to two
qualitatively well defined electronic states, the ground-

state and a first excited electronic state.

Nature of the Exchange Integrals

The next step is to show that when reasonable electronic
configurations are assumed for the structures (1''), (2'')
and (3''), the exchange integrals found contributing to the
separation of Ej and E, may be appreciable. To show that
exchange integrals of the type

¢ g a, |4

— TR EN G I e R M S M RS W e AR M A v W M e RS A G YR R M S W NS G S D SN S N WD ML . D G G S S S s TR G W G SN WS e A T

* Each‘¥c”in the expansion of 4‘” represents equivalent

copper atoms. In general,qlz = qé!, ord'a =~°(=3. The
sign of this equality determineswhether c¢q7 = or ¢ = -¢2
in the ground electronic state. Wlthout affe ing any of

the conclusions, c1 = ¢, 1s assumed for the ground electronic
state.
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x' s &
are non-zero is entirely equivalent to showing that & in
equation (16) is non-zero. Tris is true since °<l3 and 0(33
are in general, linear combination of the integrals (18)
and this linear combination is always taken so as to make

]
o non-zero.
A fypical integral appearing in the expansion of the

HIﬁ\ in equation (17) is

Sq‘:’H‘Q‘;’At, (19)

In formulating this Integral, one may to a good approximation

consider oniz the electronic configurations of

Cu Cl (20)
. ¥
and Cu Q1 . (21)
2

For simpliclty dsp“ hybridization of the atomic orbitals
of copper will be assumed here. This assumption is not
necessary insofar as the following arguments are purely
qualitative and different types of hybridization can lead
to the same qualitative conclusions. We 1ettx represent
that member of the four tetragonal plane dsp2 orbitals
which is directed toward the chlorine atom in (20)*. A
pure‘l"et orvital of copper, designated by R%" is perpendi-~
cular to this plane of the dsp2 orbitals. 1Iwo pure P
orbltals of the chlorine atom will be considered, ai&P
orbital (Paa ) which is taken parallel to the‘h% orbital

*Two dsp2 orbitals nay be considered to be engaged in
bond formation with water molecules.,
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of the copper atom, and a 3p orbital (Px) which overlaps
strongly Wiﬂntx. If the unpaired electron in s tructure

(21) is in the p,, orbital, then (19) reduces to
{82 Byg 8 Py (3] W Pgli) Rola) pnml T

This is a typical three electron resonance integral and is
not expected to be zero although its magnitude will depend
strongly on the copper-chlorine interatomic distance. Not
all of the exchange integrals appearing in the expansions
of the“:;in.equation (17) are expected to be nearly as

large as (19). In particular exchange integrals such as
g‘?t:) H ‘9? dT (23)

are essentially zero and multiple exchange integrals such as
S‘?L.n H‘QL:) dl (24)

are expected to be small.

A second type of exchange integral which might appear
in the equations for the interaction of structures (1't')
and (3'') should be considered. In the above equations
for the exchange integral between (20) and (21) i1t was
assumed that the unpaired electron in (21) was in the Pa.z.
orbital of chlorine. This unpalred electron might also be
taken to be in a Fx:(bonding) orbital of the chlorine atom.
In this case it is expected that (19) would be small since

P‘i and Px may be assumed to overlap only slightly in a first
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order arproximation. On the other hand, it might not be

immédiately obvious that exchange integrals of the type

) 3)

(3)
are small when the unpaired electron inLP3 is in the Px

bonding orbital of the chlorine atom. In calculating (25)

one may use as a rirst order approximation the 1ntegral

S{f _E P, iq(l\'\‘.k(‘b.\ Py (3 [e((n P(3) - () P(n\]}

Vas! (26)

B
.H{%&-n P Pigt Pz pla) P,,eua)} dT.
By neglecting terms containing factors of the type

“ Pz () [P EY Px(sll H {P.%la) P o) pxml dT

the integral of (26) becomes

é—&{&im ta () P*"”l H ip‘ O pxm} 41, @)

0f course the complexity of H makes the assessment of the
magnitude of (27) difficult, but there is no apparent
reason why (27) should be large. it might be thought that

‘ Cj‘

Pt (R) (;‘—;\ Pe() Pia(2ddT (28)
would make a large contribution to (27). It can be shown,
however, that whenp‘z and'tx are taken to be Slater-like
wave functions( assuming a constant radial factor in the
hybridigzation of the 3d, 4s, and 4p orbitals of copper) this
integral (28) vanishes. It is probable then that structures
(3''") contribute more strongly to the separation of the two
electronic states, El and E2, when the unpaired electron is

taken to be in the ﬁa% orvital of the chlorine atoms.
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The Transition Probability

The formation of two distinetlow-lying electronic states
of Cu2013 with equivalent copper atoms having been established
as at least a plausible possibility, the probability of an
optical transition between these two electronic states may
be considered.

The wave functions for these two electronic states

Qo (3)
I DA U RNV 13
b Reasi_ ok A (hss-a:: )*P

(29)
and QPQ \[“ {q,m kl_,&:.)}. (30)

3
Since in the preceding calculatlonscsﬂ’ rep*esented only
a small contribution to the ground state electronic wave

function,q{\ s One may approximate ‘3{\, by
(V0
\P = 'LE'(“W)‘\'\Pu )
Lettlng 2\ AT-
A
[ g‘l’a\*q{ it - &Ck"(ge‘ JE T, (31)
one obtains
> l)~) () L-n-’ 2) U’"’ gP(‘))J.[
oo =L { ¥R furpenat-a (e Roric]
By neglecting the last term this becomes
> i —D_—é\ >
Pa=z (ko Bs) = o

wrnere t" and ? are the dipole moments of the structures

(32)

a
represented oy<¥ and ﬂﬁ]
The order of magnitude oflphaX1s estimated by assuming

(a) a completely linear molecule, (b) copper-chlorine
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interatomic distances equal to 2.3 2 ana (c) that ‘P?)
corresponds to a structure in which the average charge
distribution on each successive atom in the chain in struc-
ture (1) is (left to right): -%, +1, 0, O, -%. This charge
distribution is obtained by equally weighting all possible
covalent and ionic structures intermediate to and including
cl 5; c1 Gh Cl and Cl-Cu-giuﬁﬁ-Cl. This calculation amounts
to assuming about 50% ionic character in the copper-chlorine

bonds in structure (1l). Using these assumptions one obtains
-> o -8
hk.;t._.e(a.s A) =1l x 10 es.u. (33)

This dipole moment is of the order of magnitude of those
calculated for the most strongly colored organic dyes. This
general interpretation then appears consistent with the fact
that the spectral absorption of Cu2Cl3 1s easlily observed
even when the concentration of Cu2Cl3 is too small to be
measured by chemical methods,

The Eiffect of Solvation on the Absorption Spectrum
of Cu,Cl, in Aqueous Solution; the Effect of Solva-

tion in feduclng the Kgulvalence oif tne Gopper Atoms*

Up to this point the preceding theory is inadequate
to account for the 400-600 mv spectral absorption of

Cu2C13. That is, The assumptions** made in deriving the
* Professor Verner Schomaker has pointed out that effects
other than those considered here may serve to reduce the
equivalence of the copper atoms in Cu2013.

*¥ These assumptions are essentially those represented
in inequalities (11) - (13).
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expressions fdr tre separation of the two lowest electironic
enefgy states are probably not adequate when this separa-
tion is 2-3 e.,v. Llievertheless, a consideration of solvation
ef'fects indicates that many of the essential features of
the preceding calculations may be retained and yet account
for an energy separation of 2=3 €.V

The effect of solvent on the separation of the ground
and first excited electronic states may be first considered
in zn extremely ldealized and approximate fashion. The
Hamiltonian operator in all the preceding calculations is
now taken to include only the interactions of the two
copper atoms, three chlorine atoms and four water molecules,
That is, all the preceding calculationsare now understood
to be carried out for Cu2013'4H20 in vacuum. This molecule

is assumed to have the structure)

v

|

C]—C‘u—C\-Clu—Cl, (34)
.0 P\
I (|

(symmetry D2h) with copper-chlorine interatomic separations
of 2.3 X. The lowest electronic states of (34) are then
given by equations (16), where E, - By :a-q-a/( W33~ \'\‘\‘\)

The effect of solvation (not including the four water
molecules directly bonded to the cownper atoms in (34) )
is treated as a perturbation which serves to change the

separation of the ground and first excited electronic
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states of Cu2013-4H20 from (Ep - Ej) (vacuum) to (Eé - Ei)
(solution).

The solvaticn energy, S, of Cu2013°4H20 1s approximated
by’the energy of Interaction between a permanent dipole
moment of Cu 013-4H20 and a surrounding homogenous dielectric
of constant K. TFor simplicity, the order of magnitude of
this interaction energy is estimated by assuming Cu2013°4H20
to be contained in a spherical cavity of radius R which is
immersed in the homogenous dielectric. For this order of
magnitude calculation the equation,

[ LG (35)
R2 aK+1’
may be used. In (35) F_is the permanent dipole moment of
Cu2013 4K O in one particular electronic state. The di-
electric constant K is taken to be 80. The following con-
iderations indicate that the interaction of a permanent
dipole monent of Cu,Cl '4H O with the surrounding dielectric

273

may give rise to non-equlvalent copper atoms and to the
inequality, ' '
(Eo- EDE~€e).

It i1s noted that if the copper atoms are assumed to be
conpletely equivalent when Cu2013'4H20 is immersed in the
dielectric, the average charge distribution (see page 55)

may be roughly represented by

H H “‘CVH
Cll-1)- Cu(+—) c\(o)~ Cu(ﬁ‘-‘-)— cil-1). (69
H’Q‘H u’o\H
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In this case the solvation energy, S, is zero if only
equation (35) is considered. (Actually (36) has a large
quadrupole moment and the solvation energy is certainly
not zero., Nevertheless the solvation energy of (36) will
be taken to be zero since the magnitude of this solvation
energy due to the quadrupole moment is certainly smaller
than that due to the large dipole moment considered belowk)
Since the copper atoms in (36) are equivalent, the elect-

ronic resonance stabilization of the ground state (equa-

tion (16)) is aqaf(H33_H;: and £ E,=Ea Efzap@/(ﬂss_ w

Furthermore, according to equation (33) the probability

of an electronic transition between Eq and E2 1s very large.
On the other hand, if the copper atoms in Cu2C13-4H20

are completely non-equivalent** (but still retaining a Dop

symmetry for the nuclei of Cu2C13‘4H2O), corresponding to‘

the charge distribution,

B N
H\o/“ \o/
1 ) ) \
Q-1)- C'u(“)_ ctlo)- Cu () ca(-1), (37)
e} AN
R ‘B H M

o W e W G e D e S e WS T AT MR Am T E e e M M R D ID WIS M GRS gas S e BNt e e G D G e TR BT e M e e e S0 e MU A5 WD e oD D RS WD

* Professor Verner Schomaker suggested the necessity of
considering the guadrupole interaction.

** Non-equivalent is meant to imply that the ground “)
electronic state is represented by contribvuticns of

and YBalone. Strictly speaking, in this case YW

(see equation (14)) need not form a basis for a represen-
tation of Doy, but rather Coye
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then by equation (3%) the solvation energy is no longer zera,
since (27) has a large dipole moment. In this case the
electronic stabilization* of Ei is less than the resonance
stabilization of Cu2Cl3'4H20 when the covper atoms are
completely equivalent. (The ground state wave function for
completely equivalent copver atoms is given in eguation (29);
the wave function for completely non-eguivalent covper atoms
is 1argelyty599§*y?n, with a small contribution of q}ﬂ.)
If Ei is principally represented by’iﬁn , and EZ' by ¢4:),
then the energy separation Eé - Ei conteins a large contri-
bution from the solvent interaction, namely, the difference
in energy between a large dipole stabilized by solvent
polarization (energy state Ei) and a large dipole destablil-
ized by solvent polarization (energy state Eé). By letting
R in equation (35) be 6 2, one obtains 0.7 e.v. as the
contribution of solvation to the energy separation Eé - Ei.
For this case, however, no "optical interaction absorption"
is expected. That is, the probability of an electronic
transition between Ei and Eé for completely non—equivélent
copper atoms is very small.
T ) I .

In general, if -“:‘3—(5&—‘)15 of the order of magnitude of
;p&@plﬂa, then the copper atoms will be only "“partially
equivalent". That is, the ground electronic state will be

represented by
— (1)

VN |+b¢w+c?“)

- v T G WD o Smr WD KD ey e e G e N W O W WS G WS e e twe e N S G i D e wim M A A e G GE wn e WT A e e G T e T e v = e mm wG e

* This stabilization refers to the contributions of exchange
integrals between W and ¢ alone.
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Where\c* is small and\Ol and \E\are not equal. In this
casé a large transition probability is still predicted.
Furthermore, both electronic resonance energy and solvent

[ t
dirole interaction contribute to the separation, E, - Eq.

2
does not imply that the resonance stabilization of the

t
It is clear then that the requirement, E, - E, = 2-3 e.v.,

ground electronic state of CuyCl,+4H50 1is 2-3 e.v.

3
These qualitative considerations may represent some
indication of the actual character of the ground and first
excited electronic states of Cu2C13 in aqueous solution.
The effect of solvation has probably been severely under-

estimated. Actually differences in the bonding of chlorine

atoms and water molecules to the two copper atoms may serve

!
to increase the separation of Eé and El. This interpretation

still recuires an interaction of structures (1), (2) and (3)

so that each copper atom is copper (II) part of the time in

the ground electronic state. In this case a large transi-

tion probability between the two electronic states is easily

understandable.,

The Blectronic Resonance Stabilization of the Ground
State of Cu2C13 in Agueous Solution

As emphasized in the preceeding section, the 400-600 mr
spectral absorption need bear no simple relationship to an
electronic resonance stabilization of the ground state of
Cu2Cl3 in agqueous solution. Only if this resonance stabili-
zation is great enough to produce effectively equivalent

copper atoms can one say that the ground state of Cu2Cl3 is
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stabilized by 2-3 e.v. (It may be noted that the resonance
between structures (1'), (2') and (3') strongly stabilizes
the ground state of the cyanine dyes.) Even 1f the copper
atomé were completely equivalent, a resonance stabilization
of 2-3 e.v. cannot be said to be obviously incompatible
Awith the observed instability* of Cu2013 in agueous solu-
tions. This is true since thé heat (AW ) of the gaseous

reactionf*

Cucl(Ha0)] +Cucl(B30), - Custly (Ha®)_+ Hy0,

may well have positive contributions from, for instance,
the loss of a copper-water molecule bond. Furthermore, the
heat of solvation (in the spherical cavity approximation)
of Cu2Cl3'4H20 with equivalent copper atoms is certainly
less than the sum of the heats of solvation of CuCl(HQO)g
and CuCl,(H,0)5.

Other arguments favor a smaller (than 2-3 e.v.) elect-
ronic resonance stabilization. TFor instance, the chloro-
interaction complexes of other elements (Sn, Sb, Fe) in
aqueocus solutions are quite similar to Cu2013 in that they
are easily detected spectrophotometrically but are sc un-
stable that they have not been detected »y chemical methods.
It would be unexpected to find that the hydration destabl-
lizations of the ground states of all oi these complexes

* See in particular pages 33 and 42 concerning the instability
of Cu2C13 in aqueous solutions.

** The complex speciles CuCl+ and CuCls were the predominate
chloro-complexes of copper (I) and copper (II) present in
the solutions found (Part III-A) to contain much smaller
concentrations of Cu2C13.
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(corresponding to their formation in aqueous solution from
the simpler and predominant chemical species) were delicately
balanced against large electronic resonance stabilizations
so as to yield small atdetectable concentrations of the
interaction complexes. Also, crystalline solids containing
~a metallic element in two oxidation states and exhibiting
intense absorption spectra usually show no marked stability.

The conclusion is that it is unlikely that the resonance
stabilization of the ground electronic state of CupCly, cor-
responding to the interaction of structures.(l), (2) and (3),
is as great as 2-3 e.v.;thus solvation effects (in part) do
contribute to the separation of Eé and Ei according to

Interpretation I.

Interpretation I and a General Theory of “Optical
Interaction Absorptlon"*

Interpretation I predicts a gaseous system of Cu2013
molecules (with equivalent, or partially equivalent**
copper atoms in each molecule) to exhibit a relatively
sharp and intense absorption band. This absorption band is
predicted to be absent in gaseous systems containing cuclt

or CuClé and is thought of as giving rise to the 400-600 mP
* The definition of "optical interaction absorption" is
given on page 24 for the copper (I)-copper (II) chloro-
complex system. For references to publications describing
the many examples of optical interaction absorption, see
references (3) and (4) to Part III.

** Partially equivalent is taken to mean that each copper
atom has some copper (I) and some copper (II) character in
the ground electronic state.
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spectral absorption of Cu2C13 in aqueous solution. There
appears to be little possibility of testing this prediction
experimentally. Nevertheless, the absorption spectra of
isolated interaction complexes (complexes containing twb
atoms of a metallic element im different oxidation states)
- 1is of great importance for any adequate theory of optical
interaction absorption. In particular, it is necessary to
know whether the electronic states responsible for the
‘optical interaction absorption are discrete or essentially
continuous.* The extension of Interpretatibn I to other
interaction complexes requires these electronic states to
be discrete and, in fact, well separated from the other
electronic states of the interaction complex. At present
the possibility of observing the absorption spectra of
isolated interaction complexes appears remote. However,
Dr. Norman Davidson has suggested an experiment'which might
prove to be of considerable value in connection with this
problem: Crystals of CSZSb016, which are known to contain
atoms of Sb({III) and Sb(V) and which exhibit optical inter-
action absorption, are isomorphous with crystals of
CsZSn(IV)Clé. If the optical density of interaction absorp-
tion in crystals of Cs2SnC16 contaihing small concentrations
of Sb(III) and Sb(V) could be shown experimentally to depend
upon the product of the concentrations of Sb(III) and Sb(V),
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* Needless to say, it i1s important to know the wavelength
of the absorption maximum, if the interaction spectrum is
represented by a sharp band.
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then this dependence would indicate that the crystals of
Csp5nCly contained small concentrations of some dimeric
complex of Sb(III) and Sb(V), probably Sb(III)Clz‘Sb(V)Clg.
The absorption spectra of such crystalline solutions at low
temperatures might then give some indication as to the dis-
crete or continuous character of the electronic states re-
sponsible for the interaction absorption.*

In principle, Interpretation I could be extended to
include the absorption spectrum of CsQSbCI6_itself. The
large number of valence bond structures (corresponding
to (1), (2) and (3) for Cu2Cl3) appropriate to a erystal
of C328b016 would suggest an extremely intense and practi-
cally continuous absorption spectrum covering a large
Wévelength range., Visual observation indicates that this
is the case. Any application of Interpretation I to the
absorption spectrum of CSZSb016 would require a considera-
tion of the effect of resonance between a 1arée nﬁmber of

valence bond structures on the stability of this substance.
* The unstable molecule NoOy exhibits a sharp and intense
absorption band which is not“observed in elther NO or NOo.
The similarity between NpO3 and CusCly (intense absorption
bands, low stabilities and possible s%ructures) led
Dr. Oliver Wulf to suggest that this molecule might be
considered in connection with the general problem of inter-
action absorption. Actually simple valence bond charge
resonance structures for NpO3 bear little formal resemblance
to those used in Interpretation I to account for the 400-600
mﬁ spectral absorption of CupCl,. Also, it may be noted

at the formal oxidation numbelr of nitrogen in N,0Oq is
normal whereas in CupCl3 the formal oxidation number ¢f
copper is 1l.5. In general unusual oxidation numbers are
associated with the appearance of optical interaction
absorption.
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Interpretation II

This interpretation of the 400-600 mp spectral absorp-
tion of Cu2Cl3 amounts to a consideration of alternate
assumptions regarding the inequalities (11), (12) and (13).
Althoﬁgh it is possible to reformulate these inequalities
to correspond to the assumptions of Interpretation II, it
will be much more convenient to illustrate the differences
between these two interpretations by means of energy level
diagrams. The following energy level diagram will be
recognized as schematically representing the energy states

of Cu2C13 considered in Interpretation I.

Partially Equivalent Copper
Atoms

Equivalent Copper Atoms

\ C ) (-
3 _—— -7
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" ¢ ctronic
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Interpretation II assumes little or no electronic resonance

stabilization of the ground electronic state of Cu2013 but

does assume a strong resonance stabilization of the first

excited electronic state.

The electronic states of CuyCl,

considered in tris case are indicated in the diagram:
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This excited state stabilization, which is indicated in
the energy level diagram (39) by a large lowering of E3
relative to Hé; (the energy of some excited state in the
absence of this stabilization), is assumed to account for
the fact that Cu2013 exhibits a spectral absorption at longer
wavelengths than do CuCl2 or CuCl5. In the approximation
that the wave function corresponding to the excited state Eé
of Cu,Cl., may be obtained by taking a linear combination of

2
wave funitions corresponding to the excited states of CuCl2
and CuCls in the 200~300 mP wavelength range*, this interpre-
tation postulates that the separation of H%% and Hé% (for
equivalent copper atoms) is of the order of magnitude of
4-6 e.,v. At present there is no satisfactory quantum mech-

anical description of these excited electronic states of

CuCl, and CuCl3 gnd it is therefore difficult to decide

* (Of course more highly excited electronic states of CuClé
and Cu.Cl2 might be more important.
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whether the interaction of these excited electronic states
may reasonably be expected to lead to a large resonance
stabilization of E3. Nevertheless, in view of the uncer-
tainties of Interpretation I, it is at least necessary to
consider this excited state stabilization as an a priori
possibility*.

An examination of the assumptions made in Interpre-
tation I indicates (a) the covalent character of the copper
chlorine bonds is essentially the same in the electronic
states E; and Ep, and (b) the contribution of structures
(3'') to the states Eq and Ey is small. In Interpretation
II the covalent character of the copper chlorine bonds may:
indeed be different in the states E, and Eé Also, the
contribution of structures (3'!) to the electronic state
Eé may be large. The assumed resonance stabilizafion of
state E; may then arise from strong resonance among struc-
tures (1''), (2''), and (3'!').

It is also possible that the excited state E3 cannot
be accurately represented by a linear combination of wave
functions for (1''), (2'') and (3''). If this were the
case, another type of electronic structure might give rise
" to a stabilization of E3. For example, if E3 were repre-
sented by a linear combination of wave functions representing
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* Recently R. S. Mulliken has indicated the possibility
of attributing the visible absorption of the weak benzene-
lodine complex to a transition to an excited state in which
the benzene and iodine components of the molecule inter-
act much more strongly than these components do in the
ground electronic state. This interaction stabilizes the
excited state relative to the corresponding more highly
excited states of benzene and iodine molecules.
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electrons(s) in excited atomic orbitals, then a strong
overlap of the excited atomic orbitals might account for
a stabilization of E3. A very simple hypotheticél model,
the hydrogen molecule ion with an interatomic separation
of 4.6 Z, may be used to illustrate this possibility.

Fig. 11 exhibits the potential energy vs. interatomic
separation (¥ ) curves* for three electronic states-of.H;.
It 1s seen that at an interatomic separation of 4.6 K
(r = 8.5, in units of 0.54 R) the ground electronic state
of H'Q' has practically the same energy as theapdelectronic
state. Thus, there is essentially no resonance stabiliza-
tion of the ls6~ ground state relative to a hydrogen atom
(1s) and a proton at infinite separation. On the other
hand, the first excited electronic state (3do~,r=8.5 )
is stabilized by l.3 e.v. relative to the first excited
state of the hydrogen atom (2p), which is 10.14 e.v. ébove
the ground state. |

In some respects the systems, ut s H* and Hg (r=9.5)

2 3°
electronic states of Cu2013 and H; are not strongly stabi-

are analogous to CuCl+, CuCl, and Cu,Cl The ground

lized by resonance, but Cu,Cl, and H; (r=¢s5) exhibit in-

3

tense absorption spectra** at wavelengths were CuCl*,

* Cotemretao oo oo io (873 E

Calculations of E. Teller

** Since the energy of thel$¥ andapf states are essen-
tially identical, one may consider the a.po~~» Jdo—
transition here. A simple calculation indicates the
strength of this transition (r=88) to be about one~third
the intensity of thels.aptransition for the hydrogen
atom.
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Fig. 11 Electronic states of the hydrogen molecule ion.
The energy, E, is given in units of 13.54 e.v.
and the interatomjic separation, ¥y , is given
in units of 0.54 A.
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CuCl5 and H¥, He are transparent. It may be noted that a
reasonable value for the copper-copper separation in Cu2Cl3
is also 4.6 K. Of course this analogy cannot be carried
too far, Although the stabilization of the 3do— state of
Hg, l.3 e.v., is of the same order of magnitude as the
apparent stabilization of the first electronic state of
Cu2013 relative to the first excited electronic states of
CuCl§ or CuCl,, 1-4 e.v., the total energy required for the
‘ls - 2p transition in the hydrogen atom is much greater than
that required for the corresponding electronic transitions
in cuclt or CuClE.

One description of a stabilized excited state of
Cu2C13 which bears some analogy to the hydrogen molecule ion
picture may be indicated., If one assumed the 200-250 mP
absorption spectrum of CuClE to correspond to the exqita—
tion of one of the twomi electrons (see page 53) of copper
(I) into a large Rydberg-like molecular orbital, then the
400-600 mf spectral absorption of Cu2013 might be attributed
to a similar éxcitation dnvolving a large Rydberg-like
orbital encompassing both copper atoms. Thé resonance of
this electron between the two copper atoms might then account
for the stabilization of E§ relative to the corresponding
Rydberg state in CuClg.

In simple molecules in the gaseous state, Rydberg
transitions generally require high energies ( M~ 5.V, ).
Although the effect of solvent on Rydberg states has not

been thoroughly investigated, this particular mechanism for
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the stabilization of E3 does not appear probable since a
very large stabilization of E3 might be required to lower
the energy of the Rydberg state, E3; to 2-3 e.v. above the
ground state. (In the case of Cs,SbClg the Sb(III) and

Sb(V) atoms are separated by two chlorine atoms and an
excited state stabilization of this type appears even less
probable.) .

If a strongly stabilized excited state is responéible
for the 400-600 my spectral absorption of CupCly, then this
spectral absorption gives no indication whatever of the
contribution of resonance to the stability of the’ground

electronic state of Cu2013.
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CONCLUSIONS

The two preceding interpretations of the origin
of a low electronic excited state of the complex Cu2013-
are indeed different from one another in that different

assumptions have been made in describing the ground and
fifst excited electronic state. Since each of these
qualitative interpretations appears to be consistent with
the éxperimental data, no conclusion can be reached at
present as to which interpretation is to be.preferfed. As
stated in the introduction, it is possible that the best
description of the ground and first excited electrdnic
states of Cu2013 in the 400-600 mY range is intermediate
to the two different descriptions.

The interpretations do have certain points in common
which are likely to be important for the appearance of opti-
cal interaction between other halogen-complexes (in aqueous
solutions and in crystalline solids) containing a metallic-
element in two oxidation states. First, each interpretation
makes use of the fact that in Cu2013‘there are two elect-
ronic structures which differ greatly in charge distribu-
tion but not in energy. This consideration immediately
reduces the probability of observing optical interaction
between different elements* in two oxidation states. Inter-
pretation I and the preferred mechanism in Interpretation II
require for the transfer of charge from one metallic atom
to the other the transfer of charge from and to a chlorine
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* For instance, copper (II) and Ag (I).
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ion. It is expected that anions with high ionization
potentials in aqueous solutions (e.g., ClO;, F ) will not
serve in this capacity. On the other hand, Br~ and I~
are ‘satisfactory in this respect and it is possible that
a study of the spectral absorption of, say, Cu2Br3, might
permit some decision to be reached as to which of the above
| interpretations is to bé‘preferred. |
It may be mentioned in conclusion that studies should

‘be made of the interaction absorption between non-metallic
elements in two oxidation states. It is possible that such
studies might shed light on the nature of the inte;action
between metallic elements in two oxidatlon states and at
the same time lead to interesting semiquantitative results.

The I§ ion is a case in point.
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Spectrophotometric Investigation of the Interaction
Between Iron (II) and Iron (III) in Hydrochloric Acid
Solutions
Introduction

Optical interaction absorption is observed in hydro-
chlorlc acid solutions containing iron in two oxidation:
states, iron (II) and iron (III). That is, a 5-12 F hydro-
chloric acid solution containing both iron (II) and (III)
exhibits a total light absorption in the 550-800 mp wave-
‘length range which is markedly greater than the sum of the
light absorptions of (a) the complexes containing only
iron (II) and (b) the complexes containing only iren (III)
present in the solution.

The results of previous investigations(l)’(z)of
optical interaction absorption in hydrochloric acid solu-
tions containing an element (antimony, tin or copper)(in
two oxidation states suggest that the total light absorp-
tion (in the above wavelength range) by a hydrochloric acid
solution containing iron (II) and iron (III) is the sum of
the light absorption of the complexes containing only iron
(II), the light absorption of the complexes containing
only iron (III) and the light absorption of certain "inter-

action complexes", each interaction complex containing one
atom of iron (II), one atom of iron (III) and a number of

coordinating chloride ligands.
The absorption spectra of the iron (III) chloro-
complexes and the complex Fe(CH)** present in dilute hydro-

chloric acid solutions containing iroh (III) (and no iron (II))
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have been determined by Rabinowitch and Stockmayer(3).
The complexes studied by these investigators correspond
to the values i = 1,2,3 in the following equilibria:
Fet*t + ic1™ = Fec13~1

[Fec1i ]/ [pe**]{ca = &, (1)

The equilibrium cbnstants Ky of eq. (1), as well as all
other equilibrium constants discussed in Part IV, are to
be considered as including the activity coefficients of
the individual complexes appearing inh-the thermodynamic
equilibrium equations. The square brackets denoté concen-
trations in moles per liter. |

The results of the above mentioned investigation(3)
may be used to show that in more concentrated hydrochloric
acid solutions, 5-12 F, the concentration and light absorp-
tion of Fe(OH)*¥ is negligible in comparison to the concen-
trations and light absorptions of the-predominant iron (III)
chloro-complexes. It is probable that higher chloro-complexes
of iron (III) are present in appreciable concentrations in

these 5-12 F hydrochloric acid solutions, corresponding to
i = 4,5,6 in eq. (1). Metzler and Myers(4) have suggested
that the predominant complex species of iron (III) in 12 F
hydrochloric acid is FeClj.

There is no information in the literature on the stabi-
lity or light absorption of iron (II) chloro-complexes.
Evidence will be presented later indicating that such chloro-

complexes do exist in spectrophotometrically detectable
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concentrations iB 5-12 F hydrochloric acid solutions.

The formation equilibria of the probable iron (II) chloro-
complexes present in these solutions are represented below:

Fet* 4 ic1” = Fec12™?

Wrec1i ]/ Fettller 1t =y (2)
The following equations are used to represent the forma-
tion of the interaction complexes described above:
Fet?¥ 4 Fett ¢ ic1™ = Fezclg'i
[Fesc1?-1] _
S | e R

The purpose of Part IV is to show that, in so far

as the validity of eqs. (1), (2) and (3) may be tested
spectrophotometrically in concentrated solutions, the
complexes formed in these reactions are sufficient to
account for the total light absorption of hydrochloric
acid solutions containing both iron (II) and (III).

It is readily shown that the optical density, D(II,III),
of a solution containing only the complexes formed in the
equilibria of egs. (1), (2) and (3) is given by eq. (4):

D(II,iII) = (a-c¢) € 7y + (b-c) €17 + (a-c)(b-c) k (4)
In this equation, a is the formal concentration of iron (III),
b is the formal concentration of iron (II) and c¢ is the total
concentration of the interaction complexes of eq. (3). The
quantities € 1y and € 117 are the formal extinction coeffi-

cients of iron (II) and (III) respectively, and are
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concentration averages (for a particular solution) of the
extinction coefficients of the individual complexes of
egs. (1) and (2); k is a function of the equilibrium
constants of egs. (1), (2) and (3), the extinction coeffi-
cients of the interaction complexes, and the free chloride
ion concentration.

Previous investigations of optical interaction absorp-
tion have always shown that the total concentrationAof the
interaction complexes is negligible in comparisonlto the
formal concentration of either of the oxidation states of
the element. With this approximation, eq. (4) simplifies
to eq. (5).

D(II,III) = a€ + b€y tabdk (5)

111

In eq. (5) a€qyyy PE€1y, and abk are the contributions to
the total optical density by the iron (III) chloro—complexes

++, the iron (II) chloro-complexes.and Fe**, and the

and Fe'
interaction complexes, respectively. The term abk will be
called the optical density of interaction absorption, or

briefly, the optical interaction absorption.

Materials and Proceedures

Hydrochloric acid solutions containing iron (III) were
prepared by slowly dissolving anhydrous ferric chloride in
hydrochloric acid of the desired formality. It was assumed
that the change of the hydrochloric acid formality was

negligible. The iron (III) concentration was determined by
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reduction to the ferrous state with amalgamated zinc and
titration with standard potassium permanganate solution,
using the Zimmerman Reinhardt procedure.. Hydrochloric acid
solutions containing both iron (II) and (III) were prepared
by washing crystals of Fe012'4H20 with hydrochloriec acid
| and then dissolving the crystals in hydrochloric acid
solutions containing iron (III). The iron (II) concén-
tration was determined with standard potassium permangan-
-ate solution and the total iron concentration was determined
as above. Solutions containing manganese (II) and iron (III)
were prepared by dissolving weighed samples of crystalline
MnCls+4H50 in 12 F hydrochloric acid solutions containing.
iron (III). The crystals of MnCl,+4HoO were analyzed by
the method of Lingane and Karplus(s) to insure that the water
of hydration corresponded to this formula. Weighed crystal-
line samples of MgCl,*6 HoO were dried at 85° (decomp. temp.
117°) for a period of thirty minutes. 2Zinc chloride solu-
tions were prepared from fused zinc chloride. Hydrochloric
acid solutions containing only iron (II) were prepared by
dissolving powdered iron metal in hydrochloric acid of known
formality, and then filtering the solution through a fine
sintered glass funnel. The operations of dissolving the
iron, filtering the solution and measuring volumetric samples
were all performed in the same closed air-free apparatus,

which was completely flushed with carbon dioxide. Titra-

tions of iron (II) were performed in a carbon dioxide
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atmosphere., Hydrochloric acid concentrations were deter-
mined by titration with standard sodium hydroxide solution
to the methyl orange end point.

Absorption spectra were measured with the Model DU
Beckménn Spectrophotometer. All the absorption data except
those given in Figs. 14, 15, and 18 were obtained with one
centimeter light paths.. The absorption data of Fig. 13
were determined with 0.10, 0.03 and 0.0l cm. light paths
obtained with calibrated quartz spacers placed in a quartz
cell of 1.00 ¥ 0,002 cm. light path. Some of the data of

Figs. 15 and 18 were determined with a 10.0 em. light path.

Results and Discussion

Fig. 12 illustrates the effect of added ferrous
chloride, manganous chloride, and zinc chloride, and
magnesium chloride on the absorption spectrum of a solution
of ferric chloride in 12 F hydrochloric acid. Since solu-
tions of FeCl2 are essentially colorless in this wavelength
range, there is clearly a marked specific effect of this
substance on the absorption spectrum of the iron (III).
The much smaller effect ( 7% changes in the optical density)
of ZnClp, MnClp, and MgCl, on the absorption spectrum of
iron (III) may be due to the chloride ions furnished by these
salts, and may also be due to changes of activity coefficients
and other effects. The effect of these three salts in de-

pressing the absorption of iron (III) in 12 F hydrochloriec
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Fig. 12 Effects of several salts on the absorption
spectrum of iron (III) in 12 F hydrochloric acid; curve I,
0,88 F FeCly, no added salt; curve II, 0.88 F FeCljy,

0.13 F MgCls; points , 0.88 F FeCl,, 0.13 F MnCl,} points
0.88 F FeCl3, 0.13 F 2nClp; curve 131, 0.88 ¥ FoCls, 0.13 F
FeClz.
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acid is similar to the effect of increasing hydrochloric
acid concentration in depressing the iron (III) absorption
for total hydrochloric acid concentrations above 8 F.(3)
To evaluate the specific interaction absorption between
iron (II) and (III), we assume (a) that there is a non-
specific effect of FeCl, on the afixrx term of eq. (5)
and (b) that the magnitude of this non-specific effect
may beestimated from the observed effect of MnCl, or
‘MgCly on the aeIII term. This correction is especially
important at shorter wavelengths, 450-550 mF. (It may be
remarked that in the concentration and wavelength ranges
studied, MnCl, in hydrochloric acid is effectively color-
less.)

Figure 13 is a plot of the values of the interaction
function, k, calculated from the data of Fig. 12 using
eq. (5). The figure also exhibits values of k obtained
from a series of measurements on 12 ¥ hydrochloriec acid
solutions containing concentrations of iron (111), iron (II),
manganese (II) and magnesium (II) which were one-half the
values used for Pig. 12. The agreement between these two
sets of data demonstrates the validity of eq. (5) for the
concentrations and wavelengths employed. The small values
of k prevented an experimental confirmation of eq. (5) for
lower concentrations of iron (II) and (III). As the

solutions were practically saturated with FeCl, and FeCl

3 27
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Fig. 13 Dependence of k on wavelength and hydrochloric
acid concentration: I, 12 F HC1l solutions. Points © and

© of the figure calculated from the data of Fig. 1,

using magnesium and manganese corrections, respectively;
points @ and @ , solutions of Fig. 1, diluted by a factor
of two, magnesium and manganese corrections, respectively.
IT, 5.0 F HC1l solutions, data of Fig. 5 (ordinates, k x 10).
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1t was impossible to employ higher concentrations. How=-
ever it is likely that eq. (5) is generally applicable to
solutions containing ferrous and ferric iron as equations
of this form have been found to be valid over wide concen-
tration ranges of the two oxidation states of other elements
which exhibit optical interaction. The data of Fig. 13
}show that the values of k calculated from the optical
densities of solutions in which iron (II) was replacedkby
manganese (II) agree within about 10% with the wvalues of k
calculated from the optical densities of solutions in which
magnesium (II) replaced iron (II).

An attempt was made to determine the interaction
absorption at shorter wavelengths, 450-555 mP,by employing
short light paths. The results are shown in Fig. 1l4.

The optical density of interaction absorption is small
compared to the large optical densities due to the irbn (I11)
chloro-complexes in this wavelength range. Furthermore,

the difference between the optical densities of an iron (III),
magnesium (II) mixture and an iron (III), manganese (II)
mixture is of the same order of magnitude as the difference
between the optical densities of an iron (III), iron (II)
mixture and an iron (III), manganese (II) mixture. The
values of the interaction absorption function, k, are
therefore quite different depending on whether mixtures

of iron (III) with manganese (II) or with magnesium (II)

are used to determine the iron (III) absorption; it is
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Fig. 14 Optical interaction in the 460-560 mp range:
I, optical density, D (referred to a 1.00 cm. light path),
of 0.88 F FeCl, in 12 F HC1l and containing 0.13 F MgCl,.
I1, III, value§ of k calculated using magnesium (II) and
manganese (II) corrections, respectively. Concentrations

identical with those of Fig. 1. (Curves are dashed in regions
of large probable error.)
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not even possible to say with certainty whether the inter-
action absorption in this range is greater or less than
in the 550-700 mP range.

Figure 15 gives the optical densities, D(II,III),
a €117y and b €1y, measured with the Beckmann Spectro-
photometer from 720 to 1,000 mpL. As shown in Fig. 13,
the interaction absorption is observed to decrease con-
tinuously with increasing wavelength. At 920 my, the
optical interaction absorption is equal to zero within
the experimental error of 5%; that is, k = O. At wave-
lengths greater than 920 my, k was found to be zero within
the experimental error; however, the high intensity of
scattered light in the spectrophotometer at these wave-
lengths makes this conclusion uncertain,

Figure 16 gives the data used in the determination
of optical interaction absorption in % F hydrochloric acid
solutions. The optical interaction absorption in 5 F
. hydrochloric acid solutions is not sufficiently intense to
allow an experimental verification of eq. (5). Assuming
eq. (9) to hold for these solutions values of k have been
calculated from the data of Fig. 16 and are plottéd in
Fig. 13. It may be seen from Fig. 13 that k decreases
(by a factor of approximately 20) when the hydrochloriec acid
concentration is decreased from 12 to 5 F.

Figure 17 shows the absorption spectra of solutions

containing Fe(C104), and Fe(Cl0,)4 in 4 F perchloric
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Fig. 15 Optical densities of 12 F hydrochloriec solu-
tions containing I, 0.88 F iron (III) and 0.13 F iron (II);

iI, 0.88 F iron (III) and 0.13 F magnesium (II); III, 0.13
F iron (II).
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Fig. 16 Optical densities of 5 F hydrochloric acid
solutions containing I, 0.68 F iron (III), O.71 F iron (II);
II, 0.68 F iron (II), O.71 F magnesium (II)}. (The light
absorption by iron (II), not shown in the figure, is import-
ant at wavelengths above 625 mp and has been taken into
account in calculating k for these wavelengths.)
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OPTICAL DENS\TY
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Fig. 17 Optical densities of 4.0 F perchloric acid
containing: I, 1.08 F Fe(Cl0,)

II, 0.54 F Fe(Cl0y)3,
0.54 F Fe(Cl04),; III, 1.08 F F330104)2.
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acid.* In these solutions the values of k (eq. (%))
are calculated to be O ¥ 0.0% and we may infer that the
interaction absorption between Fe(H20)2+ and Fe(HZO)g++
is much less than that between the chloro-complexes of
these ions.

Before discussing the significance of these results,
evidence will be presented for the formation of chldro-
complexes of iron (II) in hydrochloric acid solutions;
Figure 18 gives the extinction coefficients of iron (I1)
in the 750-950 mr range for several hydrochloric acid
concentrations. The effect of increasing hydrochloric
acid concentration in depressing the formal extinction
coefficient of iron (II) might be interpreted as being due
either to the formation of chloro-complexes or to a change
in the hydrolysis of the Fe*t ion. The latter possibility
is ruled out because the hydrolysis of the Fe*? ion in the
strongly acid solutions of Fig. 18 must be extremely small
(Fe(OH)» is precipitated at a relatively high pH, 7-8).
Since the extinction coefficients of simple complex ions in
the wavelength range of Fig. 18 never reach the large values
characteristic of their "electron transfer" spectra at
shorter Wavelengths,(6) very small concentrations of Fe(oH)*
cannot be responsible for the light absorption. An exten-
sion of the curves of Fig. 18 to shorter wavelengths shows
that the concentration of iron (III) in these solutions is

* The data of Fig. 16 were taken by Mr. Wendell Miller.
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Fig. 18 Dependence of the formal extinction coeffi-
cient of iron (II), € , in hydrochloric acid concentration:
I, 4.1 F HCl, O0.31 F FeClp; II, 5.0 F HCl, 1l.42 F FeCl,;
I11, 10.4 F 0Cl, 0.29 F FeClp; IV, 12 F HC1l, 0.08 F Fealz.
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less than 10™% F. As the extinction coefficients of iron
(III) in hydrochloric acid solutions are small in the
700-900 mP range (Fig. 16), there is no appreciable error
in these curves due to absorption by iron (III).

The fact that the optical interaction constant, k, of
eq. (5), for the interaction between the chloro-complexes
of iron (II) and (III) decreases with decreasing hydro-
chloric acid concentration may be due to one or both of the
following factors. Due to both mass action and activity
effects, the concentrations of the absorbing interaction
complexes may be increased by increasing the hydrochloric

acid concentration. Furthermore it is to be expected that

of the various interaction complexes formed, those having

a larger number of chloride ligands will be the more strongly
colored in the long wavelength part of the absorption
spectrum. This is similar to the shift of the "electron
transfer" spectra of complexes containing a single cation

to longer wavelengths as the number of chloride ligands is

(6)

increased. The effect of hydrcchloric acid in increasing

the interaction constant, k, has been observed for all the

cases of interaction absorption which have been sfudied

to date, viz., Sb(III,V), Sn(II,IV), Cu(I,II) and Fe(II,III).
Finally, we may survey the occurrence of interaction

absorption in systems containing iron (II) and (III).

Besides the case studied here, there appears to be inter-

action absorption in the solid ferro-ferricyanides, in
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Fe304, in freshly precipitated mixtures of Fe(OH)2 and
Fe(OH)3 and in numerous minerals contalning iron (II)

and iron (III), e.g., biotite and tourmaline.(7) as
mentioned above Fe(Hzo)g+ and Fe(H20)2++ do not interact

in perchloric acid solution. Mr. J. A. Ibers of these
Laboratories has observed no interaction absorption in
mixed solutions of Fe(CN)g and Fe(CN)z. The absence of
interaction absorption in these cases may be attributed

to an electrostatic factor, namely that the two ions of
like charge cannot approach each other closely enough to
interact. It is suggested, however, that direct chemical
bridging of a ligand between the two iron atoms is import-~
ant for the occurrence of interaction absorption. The
ferri-ferrocyanides contain the bridged structure,

Fe~C = N:Fe, in which each iron has some plus 2 énd some
plus 3 character, In Fe304 there is an 0? bridge between
the two kinds of iron atoms. It is not unreasonable then
to suggest that the interaction complexes in hydrochloric
acid solution contain a halogen bridge between the iron (II)
and iron (III) atoms. In this connection it is of wvalue to
have established that iron (II) can be coordinated by
chloride. Similarly one might expect interaction absorption
to occur in mixed solutions of Fe(ClO4)p and Fe(ClO4)3
which are less acid than those studied here. In solutions

in which Fe¥¥*% is hydrolyzed to #e(OH)** there might be a
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dimer of iron (II) and iron (III) containing hydroxyl
bridges. Finally it should be remarked that there is

one case of interaction absorption where there is evidence
that there is not a direct bridge of the type discussed
above. The intensely black salts of the type Cs2Sb016
have been found to have a structure in which each antimony
ion is surrounded by an octahedron of chlorides and each

(8

chloride ion is coordinated to only one antimony ion.



(1)

(2)
(3)
(4)
(%)

(6)
(7)
(8)
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Proposltions Submitted by Harden McConnell

Ph.D. Oral Examination, July 7, 1950, 9:00 A.M. Crellin
Conference Room

Committee: . '
If’)i‘&fi i:?ors Davidson(Ch.), Bates, Epstein, Kirkwood, JLuces and

1., In discussing the life~time of a triplet electronic
state (3F, 30,000 cmsl) of aliphatic ketones, D.S. MeClure
- has taken the radial spin-orbit-interaction integral of
oxygen(I) to ap%roximate the exchange infegral between, this
triplet state (°F) and a singlet state (1%, 51,000 ensl) of
the carbonyl group. It is proposed that:(as The 3F state may
have the approx;mati syrmetry As(Coy)e (b) The atomic orbital
description of the +Z state (approxgmate symmetry, B,(Coy))
given by Mclurry, together with a reasonable atomic'grb al
description of the 3F sbate, may be used to estimate the
angular factors of the spln-orbit exchange integral -between
the 3F and 1% states. The inclusion of thils angular factor
may reduce the discrgpancy between the calculated and observ-
ed life-time of the ZF gtate.

D.S. HeClure, JeChem.Phys. _1_;_,905 (19l7)
H. MelMurry, ibid, 9,231(16[T

2.(a) It is proposed that the photoconductive Hall~effect
in alkali halides containing F centers may be detectable by
the use of a pulsed light source and a space charge effect
without the use of magnetic fields in excess of 20,000 gauss.
The application of conventional technigues in the investiga-
tion of the Hall-effect in such crystals appears to be rather
?n?atisfactory. For example, see J, Evans, Phys. Rev., 57,

17 19%0 .
b) It would be interesting to investigate the photo-
conductive properties of crystals containing a metallic
element in two oxidation states.

3.{a) It is proposed that the energy separation of two
electronic states of a diatomic molecule may sometimes be
estimated by the difference of the vylence state energiles
of the atoms composing the molecule in the two electronic
states. Calculations have yielded the following results in
the case of the NH moleuule,

Electronic Caleculated Observed
State \ Separation Separation
ABZ-.)Q-‘A 1019 or 1059 V. 1009 CeVe
B3m,b T 1.73 or 1.91 eeVe 1421 8.V,

These calculations are based on observed and extrapolated
term values for the electronic states of the nitrogen atom.
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3.(b) A slight modification of Pauling's caleulation of
the separation of the *Z g and ‘23 electronic states of
the oxygen molecule is proposed.

L. Pauling, Z. Naturforschg., 34, [38(1948)

. It is proposed that the optical rotation of certain
organic dye~like substances be examined both experimentally
and theoretically. It is possible that the theoretical
investigation of the optical rotation of such molecules may
lead to unambiguous assignments of absolute configurations.
The following compound may be of interest in this connection,

o ' 4
A T MR E) A
CHZ ~ \C “L‘-

An application of Born's classical theory suggegts that the
above molecule is dextro-rotatory ( A= 6,000 A) when the

left hand HH,-NO, group is above the plane of the paper and
the right-hand NH,=NO, group lies in the plane of the paper.

5. The conclusions reached by Hume and Kingery as to the
stability constants and absorption spectra of bismth thio-
cyanate complexes in aqueous solution are open to serious
question with respect to two points: (a) The experimental
values for the equilibrium constants,

. 3-n
K = EBL(SCN)V\ Jd n = 1,2,4,6,
n Cext**iCsen]

are not consistant with the data given in their publication.
(b) The asserted negligible concentration of Bi(3CN)}, in
solutions containing Bi(SCN)g and Bi(SCN)), and the éegligi-
ble concentration of Bi(SCN)Z= in solutionrs containing
Bi(SCH)j, and Bi(SCN)g is rather unusual in that investigations
of othe¥ cation-anion complex systems have generally indicat-
ed the existence of all complexes intermediate to the '"mono"
and "saturated" complexes.

It is proposed that the bismuth-thiocyanate complex
equilibria be relnvestigated.

ime Kingery and D. Hume, J.Am.Chem.Soc., 71, 2393(19.9)

6. The interpretation of the "anomalous" 295 mp absorp-
tion band of o ~phenyl ketones given by Alpen,Xumler and
Strait appears to be unreassonable. A more reasonable inter-
pretation is proposed.

Alpen,fumler and Strait, J.Am.Chem.Soc.,72(inpress)
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Te{a) The structure of the IFr molecule is not known.
On the basis of an infra-red and Raman investigation, R.C.
Lord et al. have concluded that this molecule has the
syrmetry Cj,e On the basis of an electron diffraction
investigation, V. Schomaker st al. have concluded that this
molecule does not have the syrmetry C)y« It is proposed
that the micro-wave absorption spect of IF bs deter-
mined so as to test the conclusions of Lord et al. '

R.Ce. Lord et al., J.Am.Chem.Soc., 72, 522(1950)
Schomaker et al., Abstracts, Atlantic City meeting,
American ChemIcal Society, April, 1947

(b) It is proposed that under certain conditigns the
phosphorous - hydrogen interatomic distance in HPO, can
be determined by nuclear magnetic resonance methodé.

8.(a) It is proposed that the effect of solvation on the
"charge resonance' spectra of certain molecules be investi-
gated, It is possible that the charge resonance specitra of
certain symmetrical ions (e.g.,I5 , NOT ) in aqueous solution
are not greatly modified by solvétion d that an adequate

interpretation of these spectra can be given.

: - (b) R.S. Mulliken and N. Bayliss have used completely

different models in their interpretatlions of the absorption
spectrum of lodine in benzene solution. It 1s proposed that
the model used by Mulliken is superior. '

R.S. Mulliken, J.Am.Chem.Soc., 72, 600(1950)
W. Bayliss, J.Chem.Phys.,18, 292(1950)

9. Two alternative interpretations of the absorption
spectrum of Cu 013 are proposed. One interpretation is
analogous to tﬁat used for the cyanine dyes. The second
interpretation is based on an analogy with the electronic
states of the hydrogen molecule ion.

This Thesis, Part III-B
10. It is possible that an interesting chemical reaction

occurs when solid sulfur, carbon disulfide and liquid
nitrogen dioxide sare mixed.





