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The copper(l) ion, and its complexes, are strongly
solvated by dimethylsulfoxide (DMSO) and there-
fore fairly stable in this solvent. Therefore, it has
been possible to study extensively the thermody-
namics of copper(I) halide complex formation in
DMSO. The measurements have been performed in
a medium of the ionic strength I=1 M, maintained
by ammonium perchlorate, at 25 °C. The stabilities
of the first complexes CuL vary only slightly in the
sequence C1~ >Br™ <I”. For the second complex,
the stabilities decrease in the order C1™>Br™ >1".
With I7, dinuclear species are presumably also
formed. The formation of CuL is exothermic and
increasingly so in the order C1~ <Br~ <I~. For the
second step the opposite trend is observed. Only the
formation of CuCl; is exothermic while CuBr; and
Cul; are formed in slightly endothermic reactions.
The entropy changes are all large and positive.

The copper(Il) bromide system has also been
investigated under the same conditions. The first
two complexes are both formed in endothermic
reactions but due to the favorable entropy changes,
they are still fairly stable.

The disproportionation constant Kp=[Cu?®*]/
[Cu*]? has been determined in ammonium per-
chlorate media of both I=1 M and 0.1 M, at
25 °C.

The formation of metal complexes in solution is
much influenced by the solvation of the species
involved.!'? The effect can be studied by investigat-
ing the formation of complexes between the same
acceptors and donors in different solvents. As to
halide systems, large differences are expected, and
found, on account of the possibilities of hydrogen
bonding in protic solvents. As the capacity for
hydrogen bonding sharply decreases in the se-
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quence ClI~>Br™ >I"7, the chloride ion is much
more strongly solvated than the iodide ion in protic
solvents. In aprotic solvents where no hydrogen
bonding occurs, this difference is much smaller.! =3
Consequently, the chloride complexes should be
much stronger relative to the iodide ones in aprotic
solvents than they are in protic solvents.

The change of solvent does not only affect the
solvation of the various species present, however.
Profound changes also occur in the character of the
bonding between the solvent molecules. In protic
solvent, intermolecular hydrogen bonds are apt to
bring about a much more well-ordered solvent
structure than found in aprotic solvents where this
ordering influence is lacking.

In order to disentangle the effects due to the
various influences at work, it 1s necessary to deter-
mine not only the stabilities of the complexes but
also the enthalpy and entropy changes accom-
panying their formation.!2

The primary aim of the present investigation is
to determine the thermodynamics of complex
formation for the copper(I) halide systems in an
aprotic solvent. These systems have been studied in
water,** the most important of the protic solvents.
As a representative aprotic solvent, dimethylsulf-
oxide (DMSO) has been chosen, for several reasons.
Firstly, this solvent generally solvates ions quite
strongly which of course is necessary if systems of
metal ion complexes should at all be soluble.! ™3
Further, its physical properties are favourable,
allowing the solutions to be handled rather easily.
In the last few years, numerous investigations
employing this solvent have therefore been per-
formed. Results obtained for copper(l) can thus be

3



266 Ahrland, Blduenstein, Tagesson and Tuhtar

compared with those found for several other
systems.'-2

Due to the strong solvation of copper(l) in
DMSO, this oxidation state is very markedly
stabilized relative to copper(Il) and metallic copper.
In water,® the disproportionation 2 Cu(I)=Cu(Il)
+Cu(s) is very complete in the absence of ligands
stabilizing copper(I), with a value of the constant
Kp=[Cu?*]/[Cu*]?~10° M~!. Much the same
value of Ky, is found for the disproportionation in
contact with a two-phase copper amalgam.® In
DMSO, a value ~2 M~! has been found for
0.1 M LiClO, or Et,NCIO, media.” Values of K,
of the same order of magnitude have been found
in the present study for 0.1 and 1 M NH,CIO,
media, ¢f. below. The disproportionation evidently
increases with the concentration, but for the most
concentrated copper(I) perchlorate solutions used
in the complex formation measurements, Cy=20
mM, it is nevertheless only ~8 °,. In water. it
would be virtually complete, viz. ~99.9 %, The
strong solvation of copper(I) by DMSO moreover
makes the neutral halides CuL quite soluble. The
conditions for the investigation of copper(I) halide
complexes in solution are thus much more favour-
able in DMSO than in water.

The stability constants of the complexes have
been determined potentiometrically, by means of the
copper amalgam electrode. The enthalpy changes
accompanying their formation have been measured
calorimetrically. By combining the stability and
enthalpy data, the entropy changes are finally
found.

Our original intention was to study the thio-
cyanate complexes as well. In this system, however,
the solubility of the neutral complex CuSCN is
too low even in DMSO, only ~2 mM, to allow
precise calorimetric measurements.

Also the copper(Il) bromide system has been
studied, primarily in order to determine the influ-
ence of the small amounts of copper(II) that are
inevitably present in the copper(I) solutions. Only
calorimetric measurements were performed. For
the first two complexes, these yielded not only the
enthalpy changes but also the stability constants
with fair precision. For higher ligand concentra-
tions, however, an unexpected reaction took place,
as indicated by a slow but persistent evolution of
heat between the additions of ligand solution. As
will be further discussed below, an oxidation of the
gold vessel by copper(Il) takes place, brought
about by the strong affinity of both gold(I) and

copper(I) for bromide ions.

The complex formation measurements have
been performed in the same medium, I=1 M,
maintained by NH,ClO,, as used in the previous
studies of cadmium® and zinc® halides in DMSO.
The standard potentials Ej, and E;, of the
Cu(Hg)/Cu* and Cu*/Cu?* couples which yield
the standard potential Eg, of the couple Cu(Hg)/
Cu?* and the disproportionation constant K in
contact with copper amalgam have been determined
in NH,ClO, media of both I=1M and 0.1 M. All
measurements have been done at 25 °C.

EXPERIMENTAL

Chemicals. Dimethyl sulfoxide was Puriﬁed and
analyzed for water as described before.!® The water
content was <0.04 %. Cu(ClO,),.5SDMSO was
prepared according to the method used by Selbin
et al.'* who found, however, that a tetrasolvate was
formed. Our preparation was analyzed for copper
by EDTA titration with murexide as indicator,
and for sulfur by elementary analysis. Found:
Cu 9.60, S 24.3; calc. Cu 9.73, S 244 %, A fairly
sharp melting point was obtained at 183 —185 °C,
while the solvate of Selbin et al. exploded on heating.
Our tetrasolvate Cu(ClO,), 4DMSO was prepared
according to Cotton and Francis.'?> The copper
analysis gave Cu 11.03; calc. 11.05 (in Ref. 12 Cu
11.17 %). The sulfur analysis failed as the substance
exploded. This solvate does not melt sharply but
liquifies in the range 180—210 °C. The tetrasolvate
is also formed from the pentasolvate by evaporation
of DMSO in vacuo at 75 °C for about two days.
Both solvates have been used in the present in-
vestigation, with the same results. The two-phase
copper amalgam, containing. ~3 9 Cu, was pre-
pared and stored as described previously.* Before
use, it was carefully washed with DMSO.

Copper(1) perchlorate solutions in DMSO. These
were prepared by reducing copper(Il) perchlorate
solutions at 60 °C with copper foil.'> During this
process, it was most important to prevent oxidation
by air. A steady stream of carbon dioxide was there-
fore passed through the solution. Carbon dioxide
was preferred to nitrogen, as it keeps air out more
efficiently. The ammonium perchlorate making up
the ionic medium was added after the reduction,
as it tended to oxidize the heated solutions. The
final concentrations of copper(I) and copper(Il)
were found from the initial copper(II) concentration
and the total concentration of copper present after
reduction. These were both determined by EDTA
titration. Contact with air during the EDTA
titration is sufficient to oxidize copper(I) completely.
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At least two days were needed to achieve a reduction
close to the equilibrium given by Kp,

Potentiometry. In the complex formation titra-
tions, a copper(l) perchlorate solution S, of a
concentration Cy between 3 and 16 mM, with
I=1M, by means of NH,ClO,, was first introduced
in the copper amalgam electrode vessel. This half-
cell was then connected with a reference electrode,
either Ag(s)/10 mM Ag*' or, in the later series,
Cd(Hg)/10 mM Cd2*, both containing 1 M
NH,CIO,. When a stable initial emf E’ had been
reached, portions of a ligand solution T, of

L=100 mM and I=1 M by NH,CIO, was
added and the emf E measured after each addition.
The cadmium reference electrode yields the more
reproducible emf’s and is therefore to be preferred.
For each ligand, titrations were generally per-
formed with three values of Cy, and each titration
was run three times.

Special care had to be taken to prevent the
oxidation of copper(I) by oxygen. The titrations were
performed in a glove box under carbon dioxide
atmosphere, and all stock solutions were also
deaerated by this gas. Moreover, a stream of especi-
ally purified nitrogen gas was passed through the
copper(I) solution in the electrode vessel. This gas
had first been passed over finely divided copper at
200 °C and then through a 5 mM copper(I) solution,
containing ~4 mM ammonium chloride, and in
contact with pieces of copper foil. In this solution,
the traces of oxygen left reacted momentarily, with
the formation of copper(Il), water and ammonia.
The ammonium ions provided the protons necessary
for the formation of water and prevented that forma-
tion of ill-defined oxidation products which other-
wise is apt to take place.!* The copper(Il) formed
was again reduced to copper(l) by the metallic
copper. As already pointed out, this reduction is
quite slow in solutions containing only the solvated
ions. The halide complexes are rapidly reduced,
however, and a fast reduction is therefore achieved
in the presence of the chloride ions. On the other
hand, concentrations appreciably higher than 4 mM
should not be used, as copper(I) will then be
stabilized to an extent which will impair its rapid
oxidation by oxygen. The ammonia formed was
slowly carried away with the nitrogen gas which
was therefore subsequently led through two wash-
bottles containing copper(II) perchlorate solution.
In these, the ammonia was absorbed and thus
prevented from reaching the solution in the electrode
vessel.

Especially for the highest copper concentrations
used, a sizable reproportionation takes place during
the titration, leading to an increase of the concentra-
tion of copper(I). Further, in spite of all precau-
tions, a slight oxidation by air occurred in most
experiments. As the copper(Il) formed was rapidly

Acta Chem. Scand. A 34 (1980) No. 4

Metal Complexes in DMSO VII 267

reduced by the amalgam, also this reaction leads,
somewhat paradoxically, to an increase of the
copper(I) concentration Cy. In the chloride and
bromide titrations the resulting increase of Cy
could be directly observed during the titrations as
the formation of the secound complex, ie. the
attainment of the ligand number n=2, is accom-
panied by a clearly marked equivalence point at a
ratio of C,/Cy=2. The values of Cy thus found
were higher than those calculated from Cy. The final
value of Cy was always determined at the end of
each experiment, by EDTA titration as described
above. This method worked well also at the fairly
high ligand concentrations present in the final
solutions. The EDTA analyses showed that prac-
tically all air oxidation occurred at n<2, before
copper(I) had become protected by the complex
formation. A similar behaviour has also been -
observed for the copper(I) triphenylphosphine
system, though the more extensive complex forma-
tion in this case provides an even better protection
towards oxidation.'®> For the halides, the emfs
changed appreciably overnight even at large excesses
of ligand, C,/Cy >4, while they stayed constant if
excess phosphine had been added.

To minimize the oxidation by air, all titrations
were completed within one day. During this time,
this reaction generally caused an increase of Cy, that
was <39%. If it was >59, the titration was
discarded. If it was lower, the intermediate values
of Cy were corrected by linear interpolation.

The initial values E’ varied with Cy as expected
from the law of Nernst. From the values of E’
found, the electrode potential Eg, of Cu(Hg)/Cu*
can be calculated. Cd(s)/Cd?* has been chosen as
a suitable standard electrode. In the present
measurements cadmium amalgam electrodes are
used. The difference between the electrode potentials
of Cd(Hg)/Cd?** and Cd(s)/Cd** is well-known,
however, viz. 50.5 mV.!¢

The value of Eg; has also been determined for a
0.1 M NH,CIO, medium. The pure medium was
titrated with a ~20 mM solution of copper(l)
perchlorate of I=0.1 M, by NH,CIO,. The law of
Nernst was obeyed in the range 2<Cy 15<mM.
In this case, also the reference electrode solution
was kept at I=0.1 M.

For the determination of the electrode potentials
Ej, of Cu*/Cu?* in the two media used, a copper(l)
perchlorate solution was titrated with copper(II)
perchlorate, and the emf’s measured by means of a
platinum electrode, relative to the cadmium
amalgam reference electrode.

From the values of Eg; and Ej, thus found, Eg,
of the couple Cu(Hg)/Cu?* has been calculated
according to Eq,=(Eg, + Ej 21)/2, and K, according
toln Kp=(Eq, —E,,)/RTF~".

Calorimetry. The titration calorimeter described
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before ! 7 has been modified in order to make work
with DMSO possible. Teflon is now used for all
plastic parts. Similar precautions as before* have to
be taken in order to prevent the oxidation of copper-
(I) by air. A stream of nitrogen, presaturated with
DMSO (by passing through a solution of 1 M
NH,CIO, in DMSO), was bubbled through the
calorimeter solution during the measurements. As
oxygen penetrates teflon, all joints were made glass
to glass, and the short teflon ligatures were covered
with pieces of PVC tubing.

In the copper(l) titrations, solid ammonium
perchlorate was first placed in the calorimeter
vessel, in order to provide the ionic medium. The
copper(I) solution was then transferred, in carbon
dioxide atmosphere. The ammonium perchlorate
was dissolved within 30 min and after equilibration
for about 2 h the titration series were started and run
as described before.®

For the copper(II) bromide titrations, the calorim-
eter vessel initially contained copper(II) perchlorate
in 1 M ammonium perchlorate.

For each system seven or eight series were
performed, with initial concentrations Cy between
5 and 20 mM. Ligand solutions of C} =200 and 500
mM were used in the copper(I) and the copper(II)
titrations, respectively. .

The heats of dilution of Cu* and Cu?* were
negligible within the range of Cy used. Additions of
200 mM ligand solution to 1 M ammonium per-
chlorate gave a slight endothermic effect for chloride,
at most 0.1 J ml™!, an even smaller effect for
bromide, at most 0.025 J ml™!, and a negligible
one for iodide.

Calculations. The simple EMK program used
previously ®? allows the calculation of the stability
constants f; for a series of mononuclear complexes
ML;. In the present measurements, this turns out
to be adequate for the chloride and bromide systems.
For iodide, however, the values of §; computed
increased strongly with Cy, indicating that poly-
nuclear complexes are probably formed. The pro-
gram was modified so that also such complexes
could be accounted for. The various sets of stability
constants were used, with the calorimetric data
measured, as input values in the program
KALORL'®*® to compute the enthalpy changes.
Also this program was modified so that polynuclear
complexes could be incorporated.

RESULTS AND DISCUSSION

Electrode potentials and disproportionation of
copper(1). The electrode potentials Eg,, E7, and
Ej, of the couples Cu(Hg)/Cu?, Cu*/Cu?* and
Cu(Hg)/Cu?*, relative to the Cd(s)/Cd?* standard

Table 1. Electrode potentials (E°/mV) of the
couples Cu(Hg)/Cu*, Cu*/Cu?* and Cu(Hg)/Cu?*
in DMSO, and in water, relative to the Cd(s)/Cd?*
electrode, and the disproportionation constant
Kp=[Cu?*]/[Cu*]* M™!). Media of I=0.1 M
and 1 M, by NH,CIO,; 25 °C. The errors indicated
are the maximum deviations from the means listed
which have been observed in the individual points.

Medium 0.1 1 Water: I=0
E}y 783.8+2 7958 +1 931

E:, 773.0+1 7578 +1 561

Eg, 7784415 7768+1 746

Kp 1.5240.15 44404 1.8 x 106

electrode, are listed in Table 1, together with the
values of Ky, for the disproportionation 2 Cu*=
Cu?* +Cu(Hg) in the two media used. For com-
parison, values referring to aqueous solution have
also been entered. In this solvent, the dispropor-
tionation is so extensive that direct determinations
of Eg, or E}, are not feasible. On the other hand,
Eg, can be measured directly, and also Kp, though
not very precisely.® From the values of Ej, and
K, found, the values of Ej, and Ej, are then
calculated according to Ej, =Eg,+(RT/2F)ln K,
and E},=E{, — (RT/2F) In K,. Careful scrutiny 2°-2*
has shown that, at I =0, probable values of Eg, are
3384 mV for Cu(s)/Cu?* and 3435 mV for
Cu(Hg)/Cu?*. As Eg,(Cu(Hg))— Eg(Cu(s)=(RT/
2F) In[Kp(Cu(Hg))/Kp (Cu(s))], this difference of
5.1 mV in E;, (which of course can be directly
measured) means a difference of 0.17 log units in
Kp. A value of log Kp(Cu(s))=6.08 has been as-
sumed,?%?! hence log Kp(Cu(Hg))=6.25. The same
value has later also been found by a direct
measurement at low I (0.1 M), though at 20 °C.2?
With a value?! of E°= —402.5 mV for the couple
Cd(s)/Cd?*, the set of values listed in Table 1 is then
obtained.

From the decrease of the difference Eq, —Ej,,
and of the constant K, directly connected with this
difference, it is obvious that the disproportionation
equilibrium is shifted very much in favour of Cu*
when the system is transferred from water to
DMSO. Relative to Cd(s)/Cd?*, the Cu(Hg)/Cu™*
couple becomes much less oxidizing, the
Cu(Hg)/Cu?* couple somewhat more oxidizing on
a transfer from water to DMSO.

The large decrease of K, between water and
DMSO is certainly mainly due to the fact that the
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Table 2. Overall stability constants (8;/M ™)) and
enthalpy changes (AH;;/kJ mol~*) for the copper(I)
chloride and bromide and the copper(II) bromide
complexes formed in DMSO. Medium I=1 M,
by NH,CIO,; 25 °C. The errors indicated are three
times the standard deviation given by the computer.

Copper(l) Copper(Il)
CI~ Br~ Br~
log B, 4.37(4) 4.19(2) 1.55(13)
log B, 8.87(2) 7.94(2) 2.60(18)
log B4 9.45(12) — —
—AHg, 6.38(27)  9.29(22) —8.2(1.6)
—AHg,  14.18(15) 7.23(21) —14.7(2.8)
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Table 3. Overall stability constants(B;/M' ~'~J) and
enthalpy changes (AHj;;/kJ mol~?) for the various

‘sets of copper(I) iodide complexes postulated.

Medium I=1 M, by NH,CIO,; 25 °C. Errors
refer to three standard deviations.

Culi~i»> Cul Cul; Cu,I*  Cu,l,
log B;; 4.83(4) 7.64(7)

—AHg; 13.5(4) 10.5(6)

log B;; 4.71(6) 7.67(6) 6.5(2)

—AHg; 13.603) 10.5(4) 10(1)

log B;; 4.51(6) 7.49(5) 6.4(1) 9.6(1)
—AHg;  12.1(8) 10.3(4) 12(1) 120(19)

solvation enthalpies of the ions involved differ
considerably between the two solvents. The values
of AH, (W-DMSO) for Cu* and Cu?* are
admittedly not known but must be of much the same
size as the values found 2 for Ag* and Cd?*, respec-
tively, i.e. —54 and —67 kJ mol~'. At a transfer
from water to DMSO, such changes would bring
about a displacement to the left of the equilibrium
2 Cu*=Cu?* +Cu(Hg), equivalent to ~40 kJ
mol ™}, ie. Ky would decrease by a factor ~107.
Considering that the values of AH, (W —-DMSO)
are crude approximations, and that the entropy
terms have been neglected, the value calculated is
indeed not far from the actually observed 10°.

Copper(1) halides. In the range of copper(I)
concentrations used, only mononuclear complexes
are formed in the chloride and bromide systems.
For the first two complexes, fairly precise values of
B; can be determined, Table 2. In the chloride
system, the formation of a third complex is indicated
at high ligand concentrations. The value of S,
determined is not very precise, however. The
calorimetric measurements therefore only allow the
determination of AHy, and AHg,. For both systems
these quantities are listed in Table 2.

In the iodide system, polynuclear complexes are
seemingly also formed. At the low values of Cy
used they are nevertheless of minor importance.
Higher values of C\ were not tried, on account of the
difficulties due to the disproportionation. To inter-
pret the present data, only dinuclear complexes
were assumed. Table 3 presents the values of f;;
and Hyg;; obtained for three alternatives, viz. only
the mononuclear complexes Cul and Cul;, the
dinuclear complex Cu,I™ in addition to these, and
finally with Cu,l, as a further addition. On the
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whole, the fit does improve by the introduction of
Cu,I* while Cu,l, brings no further improvement.
On the contrary, a quite improbable value of AH;;
is obtained for this complex. Nor is the situation
improved by the introduction of further dinuclear
comples. The second alternative therefore
provides the best interpretation of the data, though
it must be admitted that the existence of Cu,I*
remains somewhat hypothetical. Its maximum share
of the total copper(I) concentration (reached in the
solutions of Cy~16 mM, for n=0.5) would never
exceed 20 9. An indirect support for the existence
of this complex is found in the ready formation of
the analogous Ag,I* in DMSO solutions, con-
taining an excess of silver(I) nitrate.??

The values of the stepwise mononuclear stability
constants, K;, and enthalpy changes, AH}, are listed
in Table 4, together with the derived values of the
free energy and entropy changes. For comparison,
the results of earlier stability measurements in
DMSO, referring to 0.1 M Et,NCIO, medium,
have also been listed, as well as some stability
data referring to aqueous solutions.

The relative stabilities of the complex CuL in
water are not known, on account of their slight
solubilities. Both for the first two steps combined,
and for the third step, (b)-sequences C1- <Br™ <I~
are found, however, though in the case of the first
two steps the difference between the chloride and
the bromide complex is rather small, Table 4.
When the systems are transferred to DMSO, the
expected increase of the stabilities of the chloride
relative to the iodide complexes takes place. While
the value of —AGy, increases considerably for
CuCl;, it decreases for Cul;. Also for CuBr;, an
increase is found, though smaller than for CuCl;.
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Table 4. Equilibrium constants (K;/M ') and thermodynamic functions (AG;, AH;/kJ mol™!; AS;/JK™!
mol ™) for the stepwise formation of copper(I) halide and copper(II) bromide complexes in DMSO and in

water, at 25 °C.

Cu(l) Cu(Il) Cu(l) Cu(Il)
Cl~ Br~ 1 Br~ Cl™ Br~ | Cl~ Br~

DMSO, 1 M NH,CIO,* DMSO, 0.1 M Et,NCIO, *
log K, 437 4.19 4 1.55 6.0 50 5.5 6.0 34
log K, 4.50 3.75 2.96 1.05 6.0 4.6 2.7 6.2 0.9
log K4 0.58
K,/K, 0.7 28 56 32 1 3 600 0.6 300
K /K, 8000
—AG] 249 239 269 8.8 34 29 31 34 19
—AG; 25.7 21.7 16.9 6.0 34 26 16 35 5
—AG; 33
—AH] 64 9.3 13.6 —8.2
—AH; 78 -21 =31  —65

AS3 62 49 45 57

AS; 60 78 67 42
—AGg, 50.6 45.6 438 149 68 55 47 69 24
—AHg, 14.2 72 10.5 —14.7

ASg, 122 127 112 99
Water, 5 M NaClO, ¢ Water, =0
—AGy, 34.6 35.8 50 30.3 33.6 50.0
—AG; -0.7 6.7 10
~AG; -59

“ This work. ® Ref. 7, except the second set of values for copper(I) chloride which is from Ref. 13. “ Ref. 4. ¢ Ref. 20.

For the first two complexes combined, the net
result of the transfer will therefore be a switch to
an (a)-sequence C1~ >Br™>1".

In DMSO, the two consecutive steps behave very
differently, however. For both the media inves-
tigated, the first step, in fact, displays a hybride
-sequence C1~ >Br~ <17, with a minimum at Br~.
As a consequence, a very marked (a)-sequence is
found for the second step. This also means that the
stability of the first complex relative to the second
one increases markedly from chloride to iodide, as
reflected in the increasing values of K,/K,. These
conditions are well illustrated by the complex
formation curves of Fig. 1. The curves become less
steep in the sequence C1~ >Br™ >17, and the iodide
curve crosses over the other two, displaying a
marked bend towards n=1. The increasing im-

portance of the intermediate complex CuL is also
shown by the distribution curves of Fig. 2.

4"5 T T o

Fig. 1. The complex formation curves of the
copper(I) chloride ( ), bromide (——-) and
iodide (-*-) systems in DMSO. Medium 1 M
NH,CIO,; 25 °C.
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Fig. 2. The distribution of copper(I) between the
species Cu™, CuL (1), CuL; (2) and CuL}~ (3) for
the halide systems, as a function of the concentra-
tion of free ligand.

These trends in the stabilities are brought about
by very marked trends in the heats of reaction,
while the entropy changes are less specific, Table 4.
The values of AH; are all exothermic, and more
so in the sequence Cl~ <Br~ <I". The values of
AH; show the opposite trend, with the values
endothermic for Br~ and I™. The values of AS; are
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all large and positive, implying a strong entropy
stabilization of the complexes. This is a common
feature of halide complex formation in aprotic
solvents, such as DMSO, which are relatively,
unstructured. Consequently, the break-up of the
solvate structures imply a much larger loss of order
than in the more well-structured protic
solvents.!:2-8:9:24

The trend found for AH{ is the one expected for
halide complexes of typically soft metal ions, both
in protic and aprotic solvents, on account of the
strengthening of the coordinate bond, and the
weakening of the ligand solvation, from C1~ to I".
For Hg?*, all AH; also vary in this manner.>2*

The unexpected trend found for AH3 is presum-
ably connected with the desolvation of relatively
strongly solvated complexes CuBr and Cul. An
unusually strong solvation of these complexes is
further indicated by the circumstance that
AS;>AS;.

For the formation of the Cu,I* according to
Cul+Cu*=Cu,lI*, values of log K=1.8 and
AH°~4 kJ mol™! are calculated, and hence
AS°~45 JK~! mol™. The enthalpy and entropy
changes of this reaction would thus be of much the
same magnitude as for Cul +17=Cul;.

Copper(11) bromide. The calorimetric investiga-
tion of this system yielded the values of §; and AH;
listed in Table 2. From these values, the quantities
pertaining to the consecutive steps have been
calculated, Table 4. In this table, the values of K;
obtained in an earlier potentiometric investiga-
tion,” performed in 0.1 M Et,NCIO,, have also
been entered. The difference between the values
of K, found in the two investigations seems too
large to be explained by the difference in medium.

As might be expected, the complexes are much
more stable in DMSO than in water.!-2! For both
steps, the complex formation is endothermic. For
Cu?*, the considerable amount of energy spent on
desolvation is evidently larger than the energy
gained by the formation of the acceptor to donor
bond. This is most probably due to the relatively
hard character of Cu?* which means that less energy
is to be gained by covalent bond formation. Tha
complexes are thus entropy stabilized. The entropy
terms are of much the same magnitude as for the
copper(I) halide systems which, of course, implies
that the stabilities of the complexes are much
lower.
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