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Abstract: The electrochemical reduction of the Cu(Il) complexes with the ligands 2,5,8,11-tetramethyl-2,5,8,11-
tetraazadodecane, 2,5,9,12-tetramethyl-2,5,9,12-tetraazatridecane, and 2,6,9,13-tetramethyl-2,6,9,13-tetraazatetradecane
in deaerated aqueous solutions yields the corresponding thermodynamically stable copper(l) complexes. The same
complexes are obtained also via the comproportionation reaction of CuL! 2* and Cu® in the presence of excess ligand.
AS° values of the reduction processes were determined. The basicity constants of L/ and the stability constants of
their Cu(Il) complexes were determined potentiometrically. The ESR spectra of CuL! * point out that these complexes
are not significantly tetrahedrally distorted. The binding constants of axial singly charged anions to the CulL! %t
complexes were determined. Analysis of the data points out that the thermodynamic stabilization of the monovalent
copper complexes via N-methylation is mainly due to the destabilization of the CuLf2* complexes. It is concluded
that a major factor contributing to the observed effects is the hydrophobic nature of the tertiary-amine ligands.

Introduction

There is a growing interest in developing ligands which
thermodynamically or kinetically stabilize low-valent transition
metal complexes, e.g.-Cu(l) or Ni(I), in aqueous solutions. This
interest stems from the wish to develop new single-electron
reducing agents and redox catalysts for a large variety of
processes. Furthermore such complexes might serve as models,
though simple ones, to monovalent transition metal complexes
occurring in biological systems.’

Recent results point out that the N-alkylation of the complexes
of Ni, Cu, Pd, and Cr with the macrocyclic ligands L' and L3
to yield the corresponding complexes with the ligands L? and
L* thermodynamically stabilizes their low-valent complexes, i.e.
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Ni(I),? Cu(l),* Pd(I),’ and Cr(II),% respectively. Furthermore it
was shown that N-methylation of ethylenediamine lowers the
electrode potential of the Ru(III)/Ru(Il) couple,” N-methylation
of diethylentriamine has a similar effect on the Cu(II)/Cu(l)
redox couple,® and N-methylation of L3 inhibits the oxidation
of Co(Il) by dioxygen.?

It seemed of interest to analyze why the N-alkylation of these
ligands thermodynamically stabilizes their low-valent transition
metal complexes. An understanding of this phenomenon might
help in the systematic design of other ligands which will
thermodynamically stabilize low-valent transition metal com-
plexes.

In principle, the following properties of these ligands might
affect the electrode potentials of the complexes.

(1) Electronic factors: These ligands are pure o donors and
are therefore expected to thermodynamically stabilize relatively
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high valent transition metal complexes.'® It was however argued
that tertiary-amine ligands are inherently poor ligands.!' This
claim is surprising as alkyls are electron-donating substituents.
However, spectroscopic data clearly point out that indeed the
N-alkylated ligands are poorer ¢ donors.’24¢5d This observation
might in principle be due to one of the following factors:

(a) The N-methylation of the macrocyclic ligand causes, due
to steric hindrance, an increase of the cavity size, thus elongating
the M—N bonds and therefore stabilizing the low-valent
complexes.’® Analogous arguments could be applicable also
to the open chain ligands. However, this explanation cannot
explain the observation that the electrode potential of 1,4,8,12-
tetraazacyclopentadecane—Ni(II) is similar to that of NiL! 2* 34
and that the electrode potential of NiL? 2* is shifted cathodically
when CH; is replaced by CH,CH,0H and CH,CO,™."2

(b) The N-methylation affects the M—N—C bond angles in
M—N(—C),,'3 thus decreasing the M—N bond strength. Again
the effect of replacing R=CH3; by CH,CH,0H and CH,CO,~
can be hardly explained via this argument.

(c) The N-alkylation weakens the M—N bond via eliminating
the effect of M—N—H---O hydrogen bonds in aqueous'4
solutions on the electron density on the nitrogens. The effect
of M—N—H-++O hydrogen bonds on the electrode potential of
transition metal complexes was analyzed recently in detail.®
In less polar solvents the weakening of the interaction with the
counterions is expected to have a similar effect.

(2) Steric factors: Chelating ligands might impose a coor-
dination sphere of a given geometry, e.g. a tetrahedral one. If
one of the oxidation states of the central cation prefers this
geometry, it will be thermodynamically stabilized, e.g Cu(I) will
be thermodynamically stabilized by a ligand imposing a
tetrahedral coordination sphere. Alternatively ligands which due
to steric hindrance elongate the metal—donor bond length
thermodynamically stabilize transition metal complexes with
lower oxidation states and vice versa.’ Furthermore, the ligation
might induce different strains in the ligand skeleton in
complexes with different oxidation states.!?

(3) Solvation factors: The outer sphere solvation energy has
a major effect on the redox potential of all charged complexes.'?
Therefore ligands which endow a hydrophobic nature to the
complex thermodynamically stabilize low-valent complexes
whereas hydrophylic ligands thermodynamically stabilize com-
plexes with high oxidation states.!6!7

Tertiary-polyamine ligands are therefore expected to ther-
modynamically stabilize low-valent transition metal complexes
due to the following reasons:

(1) o-Donating properties weaken due to the exclusion of
hydrogen bonds of the type M—N—H-++O.

(2) Solvation energies decrease due to their hydrophobic
nature and the increase of the radii of the complexes caused by
N-methylation. ‘

(3) They might also cause via steric hindrance M—N bond
elongation and/or distortion of the inner coordination sphere.
However, as the effect of N-methylation was observed for a

(10) Meyers, R. T. Inorg. Chem. 1978, 17, 952.

(11) Cotton, F. A.; Wilkinson, G. Advanced Inorganic Chemistry, 4th
ed.; Wiley: New York, 1980; p 72.

(12) Zilbermann, I.; Sagiv, D.; Winnik, M.; Rotman, A.; Cohen, H.;
Meyerstein, D. Inorg. Chim. Acta, submitted.

(13) Hay, P. B.; Rustad, J. R. Private communication, to be published.

(14) Golub, G.; Zilbermann, I.; Cohen, H.; Meyerstein, D. Supramol.
Chem., in press.

(15) (a) Lay, P. A. J. Phys. Chem. 1986, 90, 878. (b) Richardson, D. E.
Inorg. Chem. 1990, 29, 3213.

(16) Jubran, N.; Cohen, H.; Koresh, Y.; Meyerstein, D. J. Chem. Soc.,
Chem. Commun. 1984, 1683.

(17) Golub, G.; Cohen, H.; Meyerstein, D. J. Chem. Soc., Chem.
Commun. 1992, 398.

Golub et al.

variety of central cations, e.g. Ni(I),> Cu(l),* Pd(I),’ Cr(II),® Co-
(I),’ and Ru(Il),” which prefer different coordination geometries,
it is not likely that the effect of N-methylation on the electrode
potentials is due to a geometry imposed by the ligands.

These ligands have an additional advantage, i.e. they cannot
be reduced, in contrast with IT-acids which are commonly used
to thermodynamically stabilize low-valent complexes.

Due to the role of copper complexes in catalytic redox and
biological processes, it seemed of interest to study the redox
properties of N-methylated, aliphatic, open chain, tetraaza
ligands. Preliminary results indeed pointed out that the ligand
2,5,9,12-tetramethyl-2,5,9,12-tetraazatridecane (L?) induces the
comproportionation reaction of Cu(Il) and Cu(0).'7 It was
therefore decided to extend this study to include the ligands L8
and L. As the results pointed out, these ligands indeed
thermodynamically stabilize monovalent copper ions in aqueous
solutions and this stabilization is due mainly to the lowering of
the stability constants of the CuL! >* complexes by N-methy-
lation. The spectroscopic properties of the latter complexes were
studied in detail in order of elucidating the major contributing
factors to the thermodynamic stabilization of the Cu(l) com-
plexes.

Experimental Section

Materials. All solutions were prepared from A. R. grade chemicals
and from distilled water further purified by passing through a Milli Q
Millipore setup (final resistivity > 10 MQ/cm). The ligands (6, 8, and
10) were prepared by N-methylation of the unmethylated ligands (5,
7, and 9, Aldrich), using formaldehyde and formic acid according to a
procedure described in the literature,'® and crystallized as their HCI
salts, The degree of N-methylation obtained was verified by C,HN
analysis and by H-NMR and C'3-NMR measurements. Both analyses
indicated that more than 97% of the ligand molecules (6, 8, and 10)
are fully methylated. All the ligands were used as their HCI salts.

Electrochemical measurements were carried out using an EG&G
Potentiostat/Galvanostat model 263. The working electrode was EG&G
parc model 303A SMDE. The software used was EG&G model 270/
250 Research Electrochemistry 4.00.

Some of the experiments were performed with a Bioanalytical
Systems Inc. CV-1B cyclic voltammograph, a three-electrode cell, and
a Yokogawa Hokushin Electric X-Y recorder type 3080. A SCE served
as a reference electrode, and HMDE was the working electrode.

The pH was measured with a Corning 220 pH meter.

Potentiometric measurements were carried out in 0.15 M NaClO,
(C. Erba, ACS grade) and purified according to a procedure described
earlier.!® Standardized COa-free solutions of NaOH, used in the
potentiometric titrations, were prepared by following the procedure
described in ref 20. The potentiometric titrations were carried out by
using equipment (potentiometer, buret, stirrer, cell microcomputer, etc.)
that has been fully described.?! The computer program SUPER-
QUAD? was used to process the data and calculate both basicity and
stability constants.

UV—vis spectra were recorded on a Hewlett Packard 8452A diode
array spectrophotometer, applying the syringe technique for anaerobic
measurements.

ESR spectra were carried out with a Bruker ER 200 spectrometer
operating at 9.5 GHz.
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Table 1. Basicity and Formation Constants for the System Copper(I[)/L! (i = 5—10) in Aqueous Solutions?

log K

reaction LS L® L’ L3 L° Li¢
L +H*=LH* 9.74(6) 9.23(1) 10.25 9.21(2) 10.53 9.95(2)
LH* + H* = LH?** 9.08(2) 8.47(1) 9.50 8.47(2) 9.77 9.202)
LH,?* + H* = LHy** 6.56(2) 5.36(2) 7.28 5.68(3) 8.30 7.51(3)
LHy** + H* = LH,** 3.25(5) 1.68(3) 6.02 4.26(4) 5.59 4.35(4)
L + Cu?* = Cul?* 20.1 12.60(1) 239 10.08(6) 21.69 8.8(1)
L + Cu*t=CuL*? <l2¢ 11.0(1) <14¢ 10.0(1) <13¢
log(K«/K)* 7.9< 1.6 10.1< 0.1 8.7<
CulL?* + H* = CuLH3* 35 6.16(1) 5.19¢6) 3.53 7.8(1)
CulL** + OH~ = CuLOH* 3.2 6.43(3) 3.50(1)

@ Data of copper(Il)/Li (i = 5, 7, 9) were taken from the literature.* ¢ Values for L¢ and L?® were calculated from the electrochemical data; see
results. The values for L, L%, and L°® were estimated as described in Appendix 1. < 12, 14, 13 > K. ¢ K is the stability constant for the Cu(I), and

K> is the stability constant for the Cu(Il).
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Figure 1. Distribution diagrams of the species formed as a function
of pH in the system Cu'/L® in a 0.15 M NaClO, solution at 25 °C.
[Cu'] = [L®] = 0.001 M.

Molecular orbital calculations were carried out with a Tektronix
CAChe system; the software used was Zindo 3.0, which computes
semiempircal quantum mechanical values for optimal geometries.”

Results

In order to obtain a detailed characterization of the species
in the solutions used in this study, potentiometric titrations of
the solutions containing the ligands LS, L8 and L' and of
solutions containing equimolar mixtures of these ligands and
CuSO4 were performed. The results obtained are summed up
in Table 1 and Figures 1 and 2. For comparison purposes,
literature data concerning the ligands L, L7, and L? and their
copper complexes are included in the table. Due to the relatively
low stability constant of CuL!, the titration of solutions
containing L'9 and CuSOjy resulted in the precipitation of Na,-
Cu(OH), at relatively low pHs. (Similar results are obtained
when NaOH is replaced by LiOH or KOH.) Therefore, the error
limit in the determination of the stability constants of this system
is lower and the equilibrium constant for the formation of CuL°-
(OH)* could not be determined.

The results presented in Table 1 clearly indicate that N-
methylation decreases the basicity of the ligands studied. This
finding is in accord with literature data concerning other tertiary-
amine ligands. This observation is commonly attributed to the
lower solvation of the tertiary-ammonium ions.?

(23) Zerner, M. C. CAChe 3.0 ZINDO Users Guide; Tektronix: USA,
1992.

(24) Martell, A. E.; Smith, R. M. Critical Stability Constants; Plenum
Press: New York, and London, 1974; Vol. 2, p 105.
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Figure 2. Distribution diagrams of the species formed as a function

of pH in the system Cu'/L? in a 0.15 M NaClOy, solution at 25 °C.
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Figure 3. Cyclic voltammogram, HMDE vs SCE: rate = 5 mV/s;
[Cul] = 0.001 M; [L] = 0.002 M; [C10,~] = 0.8 M; pH 10.0.

The redox properties of the copper complexes with these
ligands were studied using cyclic and square wave voltammetry.
Typical results are shown in Figures 3 and 4. Figure 3 points
out that reversible electrochemical waves are obtained in these

(25) Huheey, J. E. Inorganic Chemistry; Harper & Row: New York,
1972; p 218.
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Table 2. Reduction Potentials of the Copper Complexes”
pHS pH6 pH7 pH 8 pH9 pH 10 pH 11 pH 12

ligands E; E; E; E; E, E; E, E, E, E; E; E, E; E, E,
L5 —260

L¢ 116 —101 80 —118 65 —118 60 —118 45 —137 12 —145 —48 —145 —105 —148
L’ -300

L8 173 —63 143 —64 139 —64 135 —74 132 91 115 —96

L° -310

Liob 100—60 90—55 80—50 20—10 0

@ Cyclic and square wave voltammetry; values in mV + 5 mV; Ej, first process, Ej, second process vs NHE; working electrode HMDE, scan
rate, 20 mV/s; [Cu'] = 0.001 M; [L] = 0.002 M; [ClO;~] = 0.5 M. ? In this case, we have two one-electron consecutive transitions overlapping

one another.

[ {ua
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24 -
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Figure 4. Square wave voltammogram, HMDE vs Ag/AgCl: fre-
quency = 5 Hz; [Cu¥] = 0.001 M; [L¢] = 0.002 M; [CIO,"] = 0.5 M.

systems. In order to inhibit the precipitation of Na,Cu(OH)4
in solutions containing L!°, (C,Hs);NOH was used as the base
and ((C,Hs)sN)>80, as the supporting electrolyte. The results
are summed up in Table 2. The results clearly demonstrate
that Culi?* (i = 6, 8) are reduced via two single-electron
consecutive processes whereas CuL! 2t (i = 5, 7, 9) are reduced
via a single two-electron process. The cyclic voltammogram
of CuL!02* has the form of a very broad single wave which
does not fit a two-electron process. It is suggested that in this
system two consecutive single-electron processes overlap with
less than 40 mV between them.

From the data in Table 2 at pHs where CuLf 2* is the major
species in the solution, the ratios X»/K; of the stability constants
of the Cu(II)/Cu(I) complexes with the L' (i = 6, 8, 10) ligands
can be calculated using eqs 1—3:

Cu™y +L'=Cul' ™ K, =[Cul' "Y[Cu" JILT (1)

Cu, +Li=cul'? K, =[Cul *YCu¥ LY @

log(K,/K|) = (E[Cu2+aq]/[Cu+aq] — Eicuppcuni /0059 (3)

where E is the electrode potential of the CuL! 2*/* couple. The
results are summed up in Table 1.

The pH dependence of the electrode potentials of the
CuL! 2*/* couples (Table 2) is in accord with the formation
constants of the different species present in solution (Table 1
and Figures 1 and 2). The data for the CuL® 2+** couple at pH
< 7 are attributed to the mixture of CuL®H?** and CulL® 2%,
whereas the data at pH > 9 are attributed to the effect of the
formation of CuLS(OH)™* on the electrode potential. The results
seem to indicate that the pK, for the formation of CuL%(OH),
is not considerably below pH 10.5, in accord with the
spectroscopic results, see below. The absence of a considerable

pH effect on the potential of the second process suggests that
the pK; for the formation of CuL®(OH) is also above pH 10.5.
The results for CuL® 2"+ show no major pH effect in the pH
range studied in accord with Figure 2. The limited results
available, due to solubility problems, for the CuL'0 2** couple
suggest that the pK, for formation of CuL!°(OH)™ is similar to
that for the CuL®(OH)*, i.e. ca. 8.

The electrochemical data point out that, for L' (i = 6, 8, 10),
the comproportionation process reaction 4 should occur. Indeed,

CuL ** + Cu’ + L' = 2CuL’ * 4

when solid copper is added to deaerated solutions containing
CuSO0; and these ligands in the range pH 7—12, the blue color
of the solution disappears within several hours. When aliquots
from the latter solutions are aerated, the solutions turn blue,
i.e. reaction 5 occurs. A measurement of the spectra of these

2Cul’ * + 0.50, — 2CuL’ ** 5)

solutions points out that the process caused a doubling in the
concentration of CuL!2*. These results prove that indeed
reaction 4 occurs to completion for these ligands. No compro-
portionation is observed in analogous solutions containing the
ligands Li (; = 5, 7, and 9). From these results, the maximal
binding constants of these ligands to Cu(I) can be estimated,
see Appendix 1. The results of these calculations are included
in Table 1.

The major factor contributing to the entropy gain when the
CuL/ 2* complexes are reduced is the change in the outer sphere
solvation caused by the charge of the complex. Therefore it
was decided to measure AS° for this process. This, AS® = AS;eq
— ASoy, was done according to the procedure developed by
Weaver et al.,® i.e. by the temperature dependence of the
electrode potentials. Optimally these values should be compared
with AS° for the reduction of Culf 2*, j = 5, 6, 7. However,
as the latter complexes are reduced electrochemically via two-
electron processes (Table 2), it was decided to measure the AS°
for the following processes:

Cu(NH,),** + ¢~ — Cu(NH,),” + 2NH, (6)
Cu’",, + nCH,CN + ¢~ — Cu(CH,CN),” 7

The results obtained are summed up in Table 3.

In order of obtaining further insight into the source of the
effect of N-methylation on the properties of their copper
complexes, the UV—vis spectra were measured. The results
are summed up in Table 4, and the spectra of Cul>62* are
shown in Figures 5 and 6. These spectra are pH-dependent;

(26) Yee, E. L.; Cave, R. J.; Guyer, K. L.; Tyma, P. D.; Weaver, M. J.
J. Am. Chem. Soc. 1979, 101, 1131.
(27) Burgess, J. Metal ions in solution; Wiley: New York, 1978; p 189.
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Table 3. AS° for Various Cu>*’* Couples
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solution composition

redox couple

AS° [J/(deg mol)]

1 mM CuSO,, 2 mM L6
1 mM CuSO,, 2 mM L8
1 mM CuSQ,, 50 mM NH;
1 mM CuSQq,, 5% CHi:CN

CulL®2* 4+ e~ —CulL®*

CulL®2* + e~ — CulLt+

Cll(NHg)az+ +e — Cll(NHg)z+ + 2NH;
Cu?* + nCH3CN + e~ — Cu(CHi:CN),*
Cu?tyq +e”— Cu™yyf

29+ 10
23+ 10
230+ 20
145 £ 15
136 £3

2 Value taken from ref 27.

Table 4. UV—Vis Spectra of the Copper(II) Complexes”

ligand A (om) e M lem™)  Ay(nm) e M~ 'cm™)
5 580 210 258 6450
6 666 260 300 5800
7 526 130 224 11000
8 636 360 312 13000
9 540 180 254 12000
10 666 200 280 6000

a Solution composition: [Cu'] = 0.0001 M, [L] = 0.0002 M, for
the charge transfer bands and [Cu®] = 0.001 M, [L] = 0.002 M for the
d—d bands, pH 10.0. Error limits are 42 nm and +10% for the molar
absorption coefficient.

0.54 b
S ga. t
<0.4
A4
203
= a
202 1
2021
< -

s \\

P4
011 \""~.'

i R R
v - —— ———a
500 600 700 800
Wavelength (nm)

Figure 5. d—d absorption bands of the copper complexes: [Cul] =
0.001 M; [L] = 0.002 M; pH 10; (a) L7; (b) L&

b

1.4
g 3
o 1.0
2
%0.5

0.2 ]

T T T
Wawvelength (nm)

Figure 6. Charge transfer absorption band of the copper complexes:
[Cu'] = 0.0001 M; [L] = 0.0002 M; pH = 10; (a) L7; (b) L3.

thus, for example, for CuL® %%, Ama(€max) are 636 (210), 302
(5250); 646 (190), 296 (4850); and 642 (120), 282 (4560) at
pH 7, 10, and 12, respectively.

The spectrum of Cul®* was measured (Figure 7). The
solution was prepared via the comproportionation process,
reaction 4. The weak shoulder around 280 nm is attributed to
a very low impurity of CuL®2* present in the solution. This
was verified by letting some dioxygen to diffuse into the sample
which increased the absorption in this region considerably while
decreasing the bands at 210 and 228 nm which are attributed
to Cul® +,

The effect of N-methylation of the ligands on the electrode
potentials and the d—d absorption bands of the copper com-

200 240 280 20
Wavelength(nrm)

Figure 7. Spectrum of CuL®": (a) solution composition of 0.000 17
M Cu' and 0.0004 M L®, pH 10.0. (b) same as (a) but after the solution
was exposed to a small amount of dioxygen.

¥ 1
2600 3100 3600 gauss

Figure 8. ESR spectra of the copper complexes: [Cu'] = 0.004 M;
30% ethanol; pH = 10; temp = 116 K; (a) [L®] = 0.005 M; (b) [L5]
= 0.005 M.

127 y= -5.9367 + 1.8750x R*2 =0.999

1[N,
[+ ]
1

1!0D
Figure 9. Dependence of the absorption due to L3CuN3* on [N37]:
[Cul] = 0.0002 M; [L] = 0.0004 M; pH = 8.0; I = 0.5 M. From the
intercept, K(Cu'L—N;7) = 6 M~! is calculated.

plexes could in principle be attributed to a tetrahedral distortion
of the ligation sphere due to steric hindrance. In order to check
whether indeed such a distortion occurs in the solutions, the
ESR spectra of the complexes were measured as it is known
that a tetrahedral distortion causes a considerable decrease in
the value of the Ay to A;p < 0.01 cm™'.%2® Typical ESR spectra
are shown in Figure 8, and the results are summed up in Table
5.

(28) Sigel, H. Metal ions in biological systems; New York and Basel,
1981; p 33.
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Figure 10. Schematic drawing of the L'Cu(H0),?* complexes. The
numbering of the atoms is as used in Table 7.

Table 5. ESR Spectra of the Copper Complexes”

ligand Ay (10* cm™!) & 81
5 192 2.21 2.07
6 173 225 2.06
7 204 221 2.07
8 168 2.26 2.06

Golub et al.
Table 7. Computer Simulation of the CuLi 2* Geometry®
bond or angle L’ L& L7 L8 L° LW
N(1)—Cu(Il) 200 202 201 203 199 202
N(2)—Cu(II) 1.99 200 198 203 199 201
N(@G@)—Cu(II) 1.98 203 2.00 203 199 2.05
N(4)—Cuw(II) 200 203 200 201 201 205
N—Cu(Il) average 1.99 202 200 203 199 204
O(1)—Cuw(II) 2.08 209 208 209 208 207
0(2)—Cu(II) 208 207 207 208 209 2.09
O—Cu(Il) average 2.08 2.08 2,08 208 208 208
N(1)—Cu(Il)—N(2) 88 85 87 85 89 89
N(2)—Cu(Il)—N(3) 85 84 94 93 88 84
N(3)—Cu(Il)—N(4) 87 86 86 85 94 91
N(1)—Cu(Il)—N(4) 101 105 93 97 91 95

N(1)=N(2)—N(3)—N@4)* 16 11 10 7 13 1

“The numbering system is according to that shown in Figure 10.
b The tetrahedral angle.

Table 8. Total Energies of the Copper Complexes as Calculated
by ZINDO

ligand Eiguw of Cu(I)L? (au)?  Ejqa of Cu(IDL (au) AEqa (kI/mol)

@ [Cul'] = 0.0001 M, [L] = 0.0002 M, pH 10.0, 30% ethanol, 116
K.

Table 6. Axial Binding of Monodentate Anions to CuL'2* ¢
axial ligand I- Br~ F~ N3~ OH-
K(Cu'L’—A") 1.7 1.0 04 0.7 1580
K(Cu'L—A") <2 17 38 570 2.7 x 108

% Measured at pH 6.5, I = 0.5 M, accuracy +15%.

The results in Table 1 indicate that the binding constants of
OH™ to CuL® 2* and CuL?® 2* are considerably higher than those
to CuL? 2* and CuL’ 2*, It seemed of interest to check whether
this is correct also for other axial ligands. The binding constants
of F~, Br~, I", and N3~ to CuL3 2% and CuL® 2* were measured
spectrophotometrically using the relations derived in Appendixes
2 and 3. The measurements were carried out at pH 6.5, where
CuL® 2* is the major species present (Figure 1). As some L°-
CuOHT is also present, the azide experiments (Appendix 2) were
carried out at several pHs and the results were corrected for
the formation of L’CuOH™. The results obtained are summed
up in Table 6. It could be argued that the added ligand is bound
equatorially as the tertiary-tetraamine ligand acts due to steric
reasons only as a tridentate ligand or that the anion replaces
one of the amine groups. However, the ESR results (Table 5)
at pH 10.0, where the complex CuL%OH™ is the major species
present (Table 1), clearly prove that LS is a symmetrical
tetradentate ligand, i.e. the OH™ is axially bound. Furthermore,
the complex of Cu(l) with 2,5,8-trimethyl-2,5,8-triazanonane
is not stable in aqueous solutions and decomposes via dispro-
portionation,? an observation that proves that the ligands studied
are tetradentate also in the Cu(l) complexes.

An effort to measure the binding constants of axial ligands
to CuL’ 2* and CuLl®?* was made. The results point out that
there is a dramatic decrease in the binding constants in
comparison with those of CuL’ 2* and CuLf?*. The binding
constants of N3~ and OH~ to Cul®2* are 6 and 1600,
respectively; all the other binding constants for CuL’ >* and
CuL? 2* are too low to be measured by this technique.

MO calculations of the optimal geometry of the CuLi?*/*
complexes were carried out using the ZINDO program.?* The
results are summed up in Tables 7 and 8. It should be stressed
that these calculations were carried out for hexacoordinated
complexes (two axial water ligands) in the gas phase.

5 —183.006 327 —182.727 528 —732.6
6 —230.448 482 —230.171 374 —727.6
7 —190.920 371 —190.644 305 —724.8
8 —238.338452 —238.084 036 —668.0
9 —198.824 944 —198.559 617 —696.6
10 —246.222 743 —245.958 095 —695.0

7 The total energy reported by ZINDO is the amount of energy
required to separate the molecule into isolated nuclei and electrons at
0 K. ZINDO uses d orbitals, in contrast to MOPAC, which uses only
s and p orbitals and MM2 that does not use orbitals at all. * 1 au =
2625.50 kJ/mol.

Discussion

The results (Figures 3 and 4 and Table 2) clearly demonstrate
that indeed the methylated ligands LS, L8 and L'° thermody-
namically stabilize copper(l) in aqueous solutions. The common
notion is that polydentate-saturated-amine ligands catalyze the
disproportionation of monovalent copper ions in aqueous
solutions.?® Thus the results obtained clearly demonstrate that
tertiary-polyamine ligands have properties considerably different
from those of the corresponding primary- and secondary-
polyamine ligands. This conclusion is in accord with the
commonly accepted observation that tertiary amines are poorer
o donors than the corresponding primary and secondary amines
and, therefore, also poorer ligands. In the following paragraphs
the sources of this property of tertiary amines, at least for their
complexes with copper ions, are discussed.

Analysis of the data in Table 1 clearly indicates that
N-methylation of the ligands caused a tremendous destabilization
of the corresponding divalent complexes, CuL **, The binding
constants of the non-methylated ligands to Cu(I) cannot be
measured, and therefore, only upper limits for them are given
in the table. However, it is evident that K>(L3)/K>(L%) > K-
(L3YK1(LE); Ko(LYK(LB) > Ki(L7)/K(LE); and Kx(L2)/K(L'0)
> K(L%)/K (LY. The results do not rule out the possibility
that the ratio K(L°)/K(L%) and probably also the ratios K;(L7)/
Ki1(L?® and K (L°)/K'(L') are smaller than 1. Furthermore the
data point out that K;(L?) ~ Kx(L?), in accord with a previous
report that K;(L*) > Kx(L* and analogous observations for
complexes with other transition metal ions.'* The latter
observation is surprising for ligands which are pure o donors,
as for such ligands K, > K is expected to be the rule. The
observations clearly cannot be attributed only to electronic
factors. The large effect of the N-methylation on K»/K is the

(29) Kimura, E.; Koike, T.; Kodama, M.; Meyerstein, D. Inorg. Chem.
1989, 28, 2998.

(30) Cotton, F. A.; Wilkinson, G. Advanced Inorganic Chemistry, 4th
ed.; Wiley: New York, 1980; p 801.
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source for the observed thermodynamic stabilization of the
monovalent copper complexes, CuL! *. The decrease in the
value of K»/K; is mainly due to the effect of N-methylation on
K.
The red shift induced by the N-methylation of the ligands,
of the L — M charge transfer bands (Table 4), can be attributed
to one of the following effects:

(1) N-methylation increases the electron density on the
nitrogen donor atoms, thus making them better o donors and
decreasing their optical electronegativity.

(2) N-methylation lowers the electrode potential of the central
copper ions, in accord with the electrochemical observations.

In principle, the energy of the transition depends also on the
solvation of the excited state. However, as both the ground
state and the excited state have the same charge though the
exited state has a different charge distribution, it is reasonable
to assume that both states have approximately the same solvation
energy. The observation that N-methylation of the ligands
causes also a red shift of the d—d bands (Table 4) clearly points
out that the N-methylated ligands are poorer o donors than the
unmethylated ligands, in accord with many reports in the
literature.32d.26b  Therefore the observed shift of the charge
transfer band cannot be attributed, even partially, to an increase
in the electron-donating properties of the nitrogen atoms and
has to be attributed to the effect of N-methylation on the redox
potential.

The effect of N-methylation on the electrode potentials of
the copper complexes and on their spectra points out that the
tertiary amines are poorer ¢ donor ligands than secondary
amines. This observation is attributed to the effect of the
M—N—H:+O hydrogen bonds on the o-donating properties of
primary and secondary amines. An alternative explanation for
the poor o-donating properties of the N-methylated ligands could
be steric hindrance: the steric hindrance causes an elongation
of the M—N bond in the complexes and thus weakens them.
This effect clearly does not explain all the observations, e.g.
the observation that 8, for the complexation of Ag* by
trimethylamine is considerably smaller than that for ammonia
and methylamine.?!

Alternatively the red shift of the d—d bands could be due to
a tetrahedral distortion of the coordination sphere of the copper
caused by the steric strain induced by the N-methylation. Such
a distortion of the coordination sphere would also explain the
effect of N-methylation on the electrode potential of the copper
complexes. However, the ESR spectra of the complexes (Table
5) indicate that N-methylation has only a minor effect on Ap.
These results suggest that the Cu—N bonds are somewhat
elongated by N-methylation, either due to the lowering of the
o-donating properties of the nitrogens or due to steric hindrance,
and rule out a considerable tetrahedral distortion of the complex
which would reduce the value of Ay to <0.01 cm™!. In order
to confirm these conclusions, the d—d adsorption transitions
and ESR g values were simulated using the angular overlap
model;*? e, values were chosen for a trans N4O» coordination
geometry to fit the absorption spectra of the unmethylated
complexes. The Dy values for the primary and secondary
amines are about 15000—16 000 cm~! for oxygen and 9000
and 14 000 cm™! for tertiary amines. Our calculations point
out that the variations in energy of the d—d transitions as well
as those of the g values observed upon methylation are better
reproduced in terms of a reduction of the e, values of the

(31) Sillen, L. G.; Martell, A. E. Stability Constants of Metal Ion
Complexes; Special Publication No. 17; The Chemical Society: London,
1964; pp 358, 392.

(32) (a) Schaffer, C. E. Struct. Bonding (Berlin) 1973, 14, 69. (b)
Bencini. A.; Benelli, C.; Gatteschi, D. Coord. Chem. Rev. 1984, 60, 131.
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equatorial nitrogens rather than in terms of a tetrahedral
distortion of the coordination polyhedron of the metal. These
results are in agreement with the idea that methylation causes
weakening of the nitrogen—copper bonds. Also the MO
calculations of the geometries of the complexes (Table 7)
suggest that N-methylation of the ligands causes no tetrahedral
distortion, as expressed by the N(1)—N(2)—N(3)—N(4) tetra-
hedral angle. This simulation suggests that the Cu—N bonds
are somewhat elongated (Table 7) due to the steric hindrance
caused by the N-methylation.

The optimal geometry of the complexes obtained from the
MO calculations suggests that the only significant effect of the
N-methylation on the geometry of the complexes is a slight
lengthening of the Cu—N bonds due to steric hindrance. It is
of interest to note that for L> and LS all the chelating rings
C—N—M—N—C are five-membered ones; this enforces N—M—N
angles smaller than 90°. Elongation of the N—M bond by
N-methylation further decreases these N—M—N angles. On the
other hand a tetrahedral conformation requires N—M—N angles
of ~109.5°. The calculations suggest that the N—M—N angle
of the unmethylated complexes has an average value of 90°;
therefore, the observation that N-methylation does not induce
considerable tetrahedral distortions is not surprising.

It should be pointed out that the MO calculations in the gas
phase include all the molecular parameters, i.e. bond lengths,
bond angles, steric hindrance including Van der Waals repul-
sions, bond torsions, etc. The only parameters not considered
in the MO calculations are the interactions with the solvent,
i.e. hydrogen bonds and outer sphere solvation. The MO
calculations (Table 8) suggest that in the gas phase the difference
in energy between the mono- and the divalent complexes is
larger for the non-methylated ligands. The calculated effect of
N-methylation is not large, but it suggests that in the gas phase
the reduction of the complexes with the methylated ligands is
more endoergic than that with the unmethylated ligands. In
other words, in the gas phase, copper(l) is thermodynamically
better stabilized by the non-methylated ligands in contrast to
the experimental results in aqueous solutions. The MO calcula-
tions thus suggest that in the gas phase the tertiary-amine ligands
are better ¢ donors than the corresponding primary and
secondary amine ligands, in accord with recent MO calculations
using a different theoretical approach.’®> The difference in the
effect of N-methylation on the g-donating properties of the
nitrogen atoms in the gas phase and in aqueous solutions is
attributed to the role of the hydrogen bonds, of the type Cu—
N—H:-O, in the latter phase. These hydrogen bonds which
clearly contribute energetically more in the divalent complexes
increase the electron density on the nitrogen atoms, thus making
them better 0 donors. It is suggested that the lack of such
hydrogen bonds in the complexes of the tertiary-amine ligands
is the reason for the lower ligand field splittings caused by these
ligands. In less polar solvents the interaction of the complex
with the counterions results in a similar effect. These arguments
are analogous to those commonly accepted as an explanation
to the fact that the pK, of HN(CHs);™ is lower than that of H,N-
(CH;)," in aqueous solutions, whereas the reverse order is
observed in the gas phase.?

The lack of the Cu—N—H:+*O hydrogen bonds in the
complexes of the N-methylated ligands means that the charge
density on the central copper ion will be larger in these
complexes. Indeed the results (Tables 1 and 6) point out that
the copper in these complexes is a considerably stronger acid
than in the corresponding non-methylated ones. This finding
is in accord with reports in the literature for a variety of

(33) Bernhardt, P. V.; Comba, P. Inorg. Chem. 1993, 32, 2798.
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transition metal complexes with methylated and non-methylated
polyamine ligands.'#!834 It is of interest to note (Table 6) that
whereas the stability constants for axial binding to CuL® ?* are
I > Br~ > F~ ~ N3~ they are for CuL®>* N3~ > F~ > Br~
> 17, i.e. the central copper ion is a soft acid in CuL?®2* and a
hard acid in CuL® 2*. This finding corroborates the explanation
given above. At this stage we have no explanation for the
difference in the acidities of the copper in CuL>® 2* compared
to CuL78 2+,

A second factor which has to be considered when calculations
in the gas phase are compared with the experimental data is
the outer sphere solvation energy of the complexes. For
complexation reactions of the type

M(H,0),"",, + L == ML(H,0),"",. + 4H,0

(where L is a tetradentate ligand) the equilibrium constant
depends, on top of the electronic and entropic factors, on the
outer sphere solvation energies of M(H20)6”+aq, ML(H20)2”+aq,
and L. The outer sphere free energy of solvation, AG;, of the
charged complexes can be calculated at first approximation using
the Born equation, AG; = —686Z%R.¢ kl/mol at 298 K, where
Z and Resr are the charge and effective radius of the complex
and 686 is constant for aqueous solutions. From our MO
calculations we estimate that R = 3.3 and 3.8 A for CuL52*
and CulL® 2%, respectively; these radii were used as Resr. Using
the Born equation and these radii, the decreases in the solvation
energy upon N-methylation are 100 and 25 kJ/mol for the
copper(Il) and copper(I) complexes, respectively (note that 75
kJ/mol would shift the redox potential by 0.7 V). Though the
Born equation gives only a rough estimate of solvation energies,
this calculation clearly points out that the thermodynamic
stabilization of low-valent cations via N-methylation is at least
in part due to the effect of N-methylation of the ligands on the
outer sphere solvation energy of the complexes. The effect of
methylation on the solvation energies calculated by the Born
equation could be the major source for the decreased stability
constants of the Cu(lII)-methylated complexes as compared with
the unmethylated ones. The calculated effect of N-methylation
on the solvation energies is larger than the observed shift in
the redox potential. This is clearly due to a variety of factors
contributing to the thermochemical cycles (Figure 11). The
entropy change AS°, upon reduction of a positively charged
complex, includes a large contribution due to the decreased
solvation of the reduced complex. Thus, if indeed the N-
methylated copper(Il) complexes are considerably less solvated
than the non—methylated ones, a relatively small AS® for the
reduction of the N-methylated complexes is expected. The
results in Table 3 corroborate these expections. The consider-
ably larger AS° for the reduction of Cu(NH;),’>* than that of
Cu’*yq is due to the release of two NH; molecules upon
reduction. The reduction of Cu®*,q in the presence of CH;CN
is expected to involve very small AS® due to the binding of
CH;CN molecules of Cu(I) to form a mixture of Cu(CH3;CN),*
(n = 2, 3).3 However, the binding of CH;CN increases the
radius of the complexes, and therefore, its solvation is consider-
ably smaller than that of Cu*aq. The two effects seem to cancel
each other. The reductions of CuLé(H,0),?* and CuL3(H,0),**
have considerably smaller AS° than that of Cu’*yq. As the inner
coordination spheres of these complexes are not significantly
changed during the redox process; the small AS® values reflect
mainly the small shanges in the outer sphere solvation upon

(34) Webb, R. L.; Mino, M. L.; Blinn, E. L.; Pinkerton, A. A. Inorg.
Chem. 1993, 32, 1396.
(35) Zuberbuhler, A. Helv. Chim. Acta 1970, 53, 473.
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Figure 11. Thermochemical cycles of the redox reactions. (a) Ej, the
evaporation energy of the copper; E; and Es, the first and second
ionization energies of copper; Ey (429 kI/mol) and E;, (858 kI/mol),
the energies required to the adaptation for NHE scale. All these
energies are independent of the N-methylation of the ligands. (b) E»,
the solvation and evaporation energies of the ligands. N-methylation
affects these properties as follows: (1) The MWs of the methylated
ligands are larger by 84 g/mol (~50%} than those of the non-methylated
ligands. This should increase AH...,; however, the decrease in
hydrogen bonding has an opposing effect (compare the boiling
temperatures of NH(CH;), and N(CHa)3); (2) The solvation energies
of the non-methylated ligands are larger than those of the methylated
ligands due to hydrogen bonding to the aqueous solvent. (c) Es and
Eq, the complexation energies of the Cu(I) and Cu(II) complexes. These
energies are clearly larger for the methylated complexes due to the
o-donating properties of the methyl groups. The complexation energies
of the Cu(Il), E,, are clearly larger than those of Cu(l), Es. (d) E; and
Es, the solvation energies of the complexes, larger for the non-
methylated complexes as calculated from the Born equation (see text)
and due to hydrogen bonding in the former (see text).

reduction. Thus the results corroborate qualitatively the calcula-
tions using the Born equation.

Concluding Remarks

The results presented are all in accord with the following
conclusions:

(1) Tertiary-tetraazaalkane ligands thermodynamically sta-
bilize monovalent copper ions in aqueous solutions.

(2) The thermodynamic stabilization of the CuL! * complexes
is mainly due to the considerably lower binding constants of
the N-methylated ligands to copper(Il). There is also some
decrease in the binding constants of the N-methylated ligands
to copper(l), but this is minor in comparison with the effect
observed for the Cu(Il) complexes.

(3) The major factors causing this destabilization of the
copper(Il) complexes are the following:

(a) The absence of Cu—N—H-++O hydrogen bonds to the
solvent for the N-methylated complexes.

(b) The lowering of the outer sphere solvation energy of the
complexes by N-methylation.

(c) The strain induced by the N-methylation on the ligand
skeleton when all the nitrogens are bound to the central copper
(this strain is naturally smaller for the Cu(l) complexes than
for the Cu(II) complexes).

It is reasonable to propose that these conclusions are of
general nature and can be used to explain the following
observations:

(1) Tertiary amine ligands are poor ¢ donor ligands.3de60.10.14.17

(2) N-alkylation of ligands thermodynamically stabilizes low-
valent transition metal complexes.>~%1417



Stabilization of Low-Valent Transition Metal Complexes

(3) N-alkylation of ligands increases their binding constants
to large cations while it decreases the binding constants to small
cations. 3

Note' Added in Proof: In principle, the subject matter
discussed herein is analogous to the problem of “the puzzle of
association in aqueous solution” of ligands binding of uncharged
molecules.®® It was recently shown that three factors affect this
binding, i.e. solute—solute and solute—solvent interactions and
solvent reorganization. Clearly for charged species the role of
solute—solvent interaction is of major importance.
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Appendix 1

The stability constants K; for L, L7, and L° can be estimated
using the following relations:

Cu™, +L = Cul'™ K, =[Cul’ "}[Cu"]IL]

Cu2+aq + L'« cul’* K,=[Cul’*Y [Cu2+aq][l‘i]

Cu*", + Cu’=2Cu™  107°=[Cu", J/[Cu*" ]

(ref 10)

CuL’** + Cu®+Li=2CuL’ *
K, = [CuL’ "]¥[CuL' *"J[L]

K, = (K)[Cu™ DK, [Cu*", ]
K, =10"%K /K,

As no comproportionation is observed in the solutions
containing L, L7, and L%, Cu®*,, and Cu® at range pH 7—11,
clearly K3 < 1072; therefore

105K )/K, < 107
K, < 104k)"°

log K, <12, < 14, and < 13 for
L5, L7, and L9, respectively

Estimation of these constants was also made by giving an upper
limit to the Cu(II)/Cu(I) electrode potential of the non-

(36) Chervenak, M. C.; Toone, E. J. J. Am. Chem. Soc. 1994, 116, 10533.
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methylated complexes and using eq 3; the results of this
calculation are very similar to the one made above.

Appendix 2

The binding constants of azide to CuL! >* were measured by
following the dependence of the absorption at 370 nm on [N37]
using the following equations:

CuL'*" + N, = CuL'N,”

K, = [CuL'N,"J/[CuL' **]IN;7]
K,/[CuL'N,*] = 1/([CuL' *"]; —[CuL'N, D[N,
[CuL'N,"] = OD/el
1/[N;”] = K,€l[CuL' **]/OD — K,

where [CuLf ?*]r is the total concentration of copper, OD the
optical density measured, € the molar absorption coefficient of
CuL/N3™, and [ is the optical path.

As the concentration of N3~ was always considerably larger
than that of CuLf 2%, the changes in [N3~] due to complexation
were negligible. Thus a plot of 1/[N;~] vs 1/OD gives a straight
line with an intercept of —Kj; see for example Figure 9.

Appendix 3

The binding constants of halides to CuL 2+ were measured
by competition with azide following the absorption of the
CuL'N3* complexes. The following equations have to be taken
into account:

CuL'* + A” = LiCuA™
K, = [CuL'N,"J/[CuL' *"][N,"]

K; = [L'CuAT)/[CuL' **][A7]
[L'CuATVK,[A™] = [CuL'N, " VK,IN;7]
[L'CuA™] = [CuL’ *"]; — [CuL' **] — [CuL'N,"]

[ATVIIN; "] = K,{[Cul' *"}; — [CuL'*7] -
[CuL'N,"])/K,[CuL'N, "1}
[CuL'N,*] = OD/el
[ATVIN,"] = —K /K, + K {[CuL' *"}; —
[CuL' **1}el/K,0D
As [CuLi 2*] is negligible within the experimental conditions
[ATV/IN,"] = =K /K, + K,e[CuL' *"1/K,0D

A plot of [A7)/[N37] vs 1/0OD gives a straight line with an
intercept of —K4/Ks.
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