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Comparison of the Ligating Properties of Disulphides and Thioethers:
Dimethyl Disulphide, Dimethyl Sulphide, and Related Ligands

By Helmut Sigel,” Kurt H. Scheller, Volker M. Rheinberger, and Beda E. Fischer, Institute of Inorganic
Chemistry, University of Basel, Spitalstrasse 51, CH—4056 Basel, Switzerland

The stability constants of 1 : 1 complexes between dimethyl disulphide (dmds) or dimethyl thioether (dms) and
Ca?+, Zn%+, Cd?+, Pb2+, or Ag* (K, for M"+ 4+ L = [ML]"") have been determined in aqueous solution by 'H
n.m.r. shift measurements. Theresults [e.g.109 Kcaumas) €2- —1.4, 109 Koiaman €8. —1.4, 109 Ky piinas = 2.01 £ 0.09;
log Kcatmn €2- —1.6, 10g Kcyume = —0.3 £ 0.2, and log Kyyamn = 3.7 + 0.3] show that the complexes with soft
metal ions are stronger than those with borderline or hard metal ions. It is also evident that the ligating properties
of the thioether moiety are somewhat more pronounced towards borderline and soft metal ions than those of the
disulphide group. Spectrophotometrically determined stability constants (in 509, aqueous ethanol) for the com-
plexes between Mn2+, Cu?*, or one of the above metal ions and dmds, diethy! sulphide, or tetrahydrothiophen
accord with this. In addition, for several complexes of tetrahydrothiophen-2-carboxylate (thtc-) and 1,2-dithiol-
an-3-carboxylate [= tetranorlipoate (tnl-)], the dimensionless constants for the intramolecular equilibrium
between the chelated isomer (which is bonded to the metal by the suiphur atom and the carboxylate group) and the
simple carboxylate-co-ordinated isomer have been calculated, together with the percentages of the chelated
isomer {e.g. 93 £ 1 for [Cu(thtc)]*+ and 41 £ 7 for [Cu(tnl)]+; 55 + 5 for [Cd(thtc)]+ and <{20% for [Cd(tnl)]+;

L20% for both [Mn(thtc)]+ and [Mn(tnl)]*}. Possible biological implications of such weak interactions
and the resulting intramolecular equilibria are briefly discussed.

THE disulphide group is well recognized as a potential
binding site for metal ions in biological systems. This
group is found in cystine,! an important constituent of
many proteins, and in the oxidized form of glutathione,?
as well as in lipoic acid,® which participates in many
enzymatic reactions, especially as a protein-bound
coenzyme in oxidative decarboxylations.*

The interactions between the disulphide moiety and
hard (e.g. Ca®* or Mn2*) or borderline ® (e.g. Cu?* or Zn?")
metal ions are certainly rather weak,! but they do occur,
as crystal-structure determinations reveal.® Compari-
ron;s of stability constants have been used to suggest a
Cu?* interaction with the disulphide bond of L-cystine,?
and there is spectral evidence for a possible Cu?'-disul-
phide interaction in solutions with L-cystinediamide.®
A copper(11) complex of oxidized glutathione has also been
characterized,® and there is evidence that the disulphide
moiety of the 1,2-dithiolan ring of «-lipoate may partici-
pate in complex formation.1%1!  However, all the deter-
minations of stability constants have been performed with
ligands containing at least one proton-basic site in
addition to the disulphide moiety.27911

Certainly, soft metal ions 5 like Cu*, Ag*, or Hg?* have
a greater tendency to co-ordinate with the disulphide
group and crystal structures of disulphides, ¢.g. with Cu",
are known,1213 although co-ordination of these metal ions
often causes cleavage of the disulphide bond.»? This
cleavage reaction is probably one of the reasons why
practically no stability data seem to exist for complexes
between soft metal ions and simple disulphides, but a
Ag*-disulphide interaction has been suggested for the
system Ag*-basic bovine pancreatic trypsin inhibitor.14

The reasons for the complete lack of stability data on
the interactions between the biologically important hard
or borderline metal ions like Ca?*, Mn2*, Cu?*, or Zn2*
and simple disulphides are that: () such complexes are
very weak, b2 and (/) a pH-metric determination of
stability constants is not possible, as these ligands are

very poor proton acceptors.’® In fact, the disulphide
group is even less basic than the sulphur of thioether 16
which is itself an extremely weak base with pK, =
—6.8.77 Estimations of basicity suggested the order
Me,S > Me,S, ~ MeSH,!® which indicates pK, << —6.8
for the disulphide moiety. Hence, so far only disulphide
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FiGure 1 Structures of the sulphur ligands

complexes with ligands containing an additional binding
site, like an amino- or carboxylato-group, have been
studied.1%7-9-11

For the thioethers, the situation is similar: the bio-
logical importance of the sulphur atom in these com-
pounds as a potential binding site for metal ions is well
recognized,1'181% and indeed the X-ray crystal-structure
analysis 20 of plastocyanin, for example, revealed a
Cu?*-thioether bond with a methionine residue in this
‘blue * copper protein. However, stability data have
only very recently been published, based on spectro-
photometric measurements,?> for complexes between
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hard or borderline metal jons and simple thioether
ligands like tetrahydrothiophen or diethyl sulphide.

We now compare the stability of complexes formed
between Ca2?*, several 34 transition-metal ions,
Zn%*", Cd?*, Ag*, or Pb?" and the ligands shown in
Figure 1. First the complexes of the simple dimethyl
disulphide (dmds) were studied: the stability of. the
[Cu(dmds)]>* complex was determined spectrophoto-
metrically, while the other complexes with dimethyl
disulphide and diamagnetic metal ions were investigated
by 'H n.m.r. shift experiments. For comparison the
stabilities of some complexes with dimethyl sulphide
(dms) and related thioethers were also measured, and the
percentages of the chelated isomer of several M2+ 1:1
complexes of 1,2-dithiolan-3-carboxylate and tetra-
hydrothiophen-2-carboxylate were calculated.

EXPERIMENTAL

Materials.—The metal perchlorates (purum or puris-
simum) were from Fluka AG, Buchs, Switzerland, with the
exception of zinc and cadmium perchlorate which were
obtained from K and K Laboratories, Ohio, U.S.A. and
from Ventron GmbH, Karlsruhe, Germany, respectively.
The metal nitrates (pro analysi) were from Merck AG,
Darmstadt, Germany, except silver nitrate which was from
B.D.H. Chemicals Ltd., Poole.

Dimethyl disulphide (for synthesis) and tetrahydro-
thiophen (pro analysi) were obtained from Merck-
Schuchardt, Hohenbrunn near Munich, Germany; both
ligands were used in spectrophotometric measurements and
therefore were distilled twice before use over a Raschig
column under N, and then stored under N,. Dimethyl
sulphide (purum) was from Fluka AG and the solvent
ethanol (for spectroscopic use) from Merck AG.

The pH was measured with a Metrohm potentiometer
E 353B using a EA 121 or a micro EA 125 Metrohm glass
electrode. Calibration was done with commercial aqueous
buffers (pH 4 and 7, from Metrohm AG, Herisau, Switzer-
land) and direct readings for pH were used, except in D,O
solutions where the pD was obtained by adding 0.40 to the
pH-meter reading.?? Unless otherwise specified the pH (or
pD) of the solutions was adjusted to ca. 2.

Spectrophotometric Measurements.—Absorbance spectra
were recorded with a Beckman DB spectrophotometer
connected to a Walz + Walz Electronic Hi-Speed recorder
202, or on a Varian Techtron spectrophotometer (model
635) connected to a Honeywell recorder (model 196).

The experiments with the Cu?"—dimethyl disulphide
system and their evaluations were done exactly as described
recently 2! for Cu?*-thioether systems. The conditions
used in the Cu?*—dmds experiments are shown in Figures 2
and 3.

The stability constants of the cadmium(i1) and lead(1r)
complexes with tetrahydrothiophen (tht) were determined
from ‘ competition ’ experiments with the Cu?*—tht system.
This means that the absorption of the Cu?t-tht system at
359 nm decreases in the presence of Cd?* or Pb2*, and from
this decrease in absorption the stability of the cadmium/(11)
or lead(i1) complexes may be calculated. The experimental
conditions and the calculations were identical to those
described recently for several other M2*-tht systems.?!

Hydrogen-1 N.M.R. Measurements.—For the M»*—-dmds
systems the 'H n.m.r. spectra were recorded in D,O solu-
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tions with a Bruker WH-90 Fourier-transform spectrometer
(90.025 MHz) at 27 °C or a Varian Anaspect EM-360
spectrometer (60 MHz) at 34 °C using the centre peak of the
tetramethylammonium triplet as reference; all these
chemical shifts were converted into a trimethylsilylpropane-
sulphonate reference by adding 3.188 p.p.m.2* From a plot
of these chemical shifts against the increasing concentration
of the diamagnetic metal ion M»* (for details see Figure 4),
the curve best fitting these experimental data can be com-
puted, using a Hewlett—Packard model 9821A, connected to
a model 9862A plotter, and log Kyygmas) thus obtained.

The constants for the M?»*—dms systems were determined
in exactly the same way (Figures 4 and 5), but here all
spectra were recorded in aqueous solutions with the Varian
Anaspect EM-360 spectrometer (60 MHz) at 34 °C.

The mentioned curve-fit is based on equation (1),2* where
8, is the chemical shift of the free ligand (L) and §, the
chemical shift of the complex [ML]}*". Equation (1)
together with the definition (2), which is valid for our
experimental conditions where the species [ML,»*] with

m > 2 are negligible, gives equation (3). From the
Bobs. = 8o([LJ/[Lltot.) + oo ((ML]/[L}tat.) (1)
(Ltot. = [L] + [ML] (2)
Bobs. = 89 + (8 — 8o} ((ML]/[L]gos.) (3)
(Mgor. = [M] + [ML] (4)
Kyy, = [ML}/[M][L] (5)

[ML] = ¥{((MJot. + [Lltot. + Kmz? —
{(M]eot. + (Lot + KupY)? — 4Mgot.[Llpor.}t)  (6)

definitions (2), (4), and (5) follows equation (6). Substi-
tution of equation (6) in (3) gives an expression which
contains only two unknown parameters, 8, and Kyy, and
these may now be determined by starting the iterative
calculation with estimated values, and varying these until
the standard deviation reaches a minimum (least-squares
regression). In cases where §, cannot be determined with a
significantly greater accuracy than the other experimental
points, §, may also be treated as a variable parameter.

All experiments were carried out at least twice. The
errors given throughout this work are twice the standard
deviation, unless stated otherwise.

RESULTS

As the stability of most of the complexes to be determined
was rather small, perchlorate salts were used whenever
possible. Only in the few cases where these were not
available or where the perchlorate salts are relatively
insoluble, as with Ag[ClO,], were the nitrates used. The
[C10,]™ ion does not affect the stability constants since there
is no association between this anion and the metal ions used
(or an extremely small one}),2% 28 while with [NO,]~ very weak
complexes may form in some cases.?»?” However, the
recent results 2! for M2*-thioether systems show that the
influence of [NO,]", if present at all, is very small indeed.

Mn+ 4+ L === [ML]** (7)

The dmds-Mn* Systems.—For the Cu?*—dmds system, the
stability constant Kyy, of the 1:1 complex [according to
equilibrium (7)] could be determined spectrophotometrically
in 509, aqueous ethanol ({ = 1.0 mol dm™3, Na[ClO,]; 25°C).
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Figure 2 shows how the absorption (4) of dmds decreases
with increasing concentration of Cu2?*. Since there are two
opposing factors affecting the experimental accuracy, i.e.
increase of the concentration of Cu?* leads to larger spectral
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FiGure 2 Absorption spectra ( ) of dimethyl disulphide
(2 x 1073 mol dm™) alone (1) and in the presence of: 0.075 (2),
0.15 (3), and 0.30 mol dm™3 Cu[ClO,], (4); the cell in the
reference beam always contained the appropriate concentration
of Cu[ClO,],. The spectra were measured in 509%, aqueous
ethanol (v/v) at pH ca. 3, I = 1.0 mol dm~? (Na[ClO,]), and 25
°C in l-cm quartz cells. (- - - -), Uncertainty due to the large
absorption of Cu[ClO,],; (———-), spectra (under the above
conditions) of 0.02 (5) and 0.30 mol dm™ Cu[ClO,], (6) solutions

differences while simultaneously the difference spectra
become less accurate due to the increasing absorption of the
Cu?* solution in the reference beam, the spectra were
evaluated at three different wavelengths (270, 278, and 282
nm).?-28  An example of this is shown in Figure 3 where
1/[Cu?*],,. is plotted against 1/AA4; the resulting straight
lines confirm that 1: 1 complexes are formed and that their
intercepts with the y axis are identical within experimental
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error. The average result of three independent experi-
ments for the stability constant of [Cu(dmds)]?* is log
Koydmas) = 0.49 4 0.22.

The stability constants of other [M(dmds)]?* complexes
could not be measured by the ‘ competition method ’ used
earlier,?! since the spectral alterations were too poor to be
exactly reproduceable. We therefore carried out 'H n.m.r.
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FiGure 3 Graphical determination of the stability constant,
Kcudmas (dm® mol™?), of the Cu?t—dmds 1: 1 complex in 509,
aqucous ethanol (v/v) by plotting 1/[Cu?*}i,. against 1/AA4;
[dmds] = 2 x 107 mol dm™, I = 1.0 mol dm™ (Na[ClO,]);
25 °C, and pH ca. 3. For concentrations of Cu[ClO,], 0.02—
0.05 mol dm™ the evaluation was donc at 270 nm (@), for
0.04-—0.15 mol dm™ at 278 nm (Q), and for 0.075—0.30 mol
dm™ at 282 nm (A), the intercepts with the y axis [=
— Kculgmasy] are —3.82 4 0.92, —4.96 4 1.25, and —2.59
+4-1.13 respectively. The straight lincs were drawn according
to the least-squares regression method

experiments with some diamagnetic metal ions and measured
the chemical shift of the methyl protons of dmds in D,O
solutions; under the influence of increasing amounts of

TABLE 1

Logarithms of the stability constants Ky, of 1:1 complexes of M** with dmds, dms, des, or tht ¢

dmds
A - dms des tht
Mn+ D,O 509, EtOH ¢ H,0 ¢ 509, EtOH ¢ 509%, EtOH ¢
Ca2+ —1.4 470 —1.6¢7¢ —0.30 4 0.13 »¢
Mn2+ —0.31 4+ 0.11 &
Cuz+ 0.49 -+ 0.227 —0.47 £ 0.19 & 0.02 & 0.04 &i
Zn?t — 1.4 &e-0k —1.4°9 —0.21 4 0.09 »¢
Cdz+ — 1.4 —0.3 029 —0.26 4 0.06 ¢
Pb2+ — 1.5 a6hkn —1.05 4 0.205m 0.08 + 0.05!
Agt 2.01 + 0.09 &< 3.7+ 03% 3.51 4 0.14 &¢

o Unless stated otherwise, the errors given are twice the standard error of the mean value.

425 °C.

¢ Estimated values with A3 == 0.249 and 0.334 p.p.m. for the dmds and dms systems respectively (see text).

57 — 0.1 mol dm™, Na[NO,]. 34 °C.

7 The error

limits for these results are estimated as follows: to see how the results depend on A8 (taken from the Ag+ systems) the calculations
were repeated for dmds complexes with A8 = 0.200 and 0.300 p.p.m. (i.e. AS = 0.249 4 0.050 p.p.m.); the results are within £0.1
log units, as given above, but to be on the safe side we allowed + 0.2 log units for this error range (if A3 should be out by a factor of
0.5 or of 2 the values of log Kyp, would be out by 4 0.3 or — 0.3 log units respectively). Furthermore, since the small shifts observed
in the presence of M2+ might partly originate from the change in ionic strength from 2 to 4.5 (i.e. the difference calculated between
8p at 7 = 2 mol dm™ and the shift in the presence of M?*+ at I = 4.5 mol dm™ might be slightly too large, as the corresponding
experiments indicate), although certainly not more than by a factor of }, the complexes might be up to 0.3 log units less stable than
calculated. Hence, the lower error limit for the values given above is —0.5 and the upper limit -{-0.2 log units. ¢ 7 = 2.0—4.5
mol dm™3, Na[ClO,]. *71 = 1.0 moldm™3, Na[ClO,]. ¢ Value taken from ref. 21. 7 The error range is estimated (c¢f. text). *27 °C.
1] = 1.0 mol dm™3, Na[NQ,]. #I = 2.0—3.0 mol dm 3 Na[NOjy].
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M#t the signals are shifted downfield. These chemical-
shift differences may be used to obtain the stability con-
stants of the [M(dmds)]?* complexes.

An example is shown in Figure 4 for the Ag*—dmds
system (I = 0.1 mol dm™, Na[NO,]; 34 °C), where a
significant downfield shift is observed. The measured
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F1IGure 4 Chemical shifts of the resonance of the methyl protons
of dimethyl disulphide (a) and of dimethyl sulphide (b) (each 5.7
x 1073 mol dm™) as a function of [Ag(NO;)]tt- The measure-
ments (/ == 0.1 mol dm™, Na[NQ,]; 34 °C) were carried out in
D,0 at pD ca. 2 for dmds and in H,O at pH ca. 2 for dms.
The curves shown are the computer-calculated best fits of the
experimental data: Kyagamasy = 93.8 + 29.7 dm?® mol?,
8y == 2.463 { 0.015 p.p.m., and 8x = 2.708 4+ 0.016 p.p.m.;
Kagdne = 2835 + 1066 dm® mol™, §, = 2.125 p.p.m., and
80 = 2.461 + 0.006 p.p.m.

shifts were plotted against the increasing concentration of
Ag* and the curve best fitting the experimental data was
computed (see Experimental section). The resulting
stability constant (the average of two experiments) of
[Ag(dmds)]" is log Kg@amas) = 2.01 £ 0.09, the chemical
shifts of free dmds and [Ag(dmds)]* being §, = 2.461 +
0.010 and 3, = 2.710 4 0.011 p.p.m., respectively.

In these Ag'-dmds experiments we adjusted the pD to
ca. 2 with DNO; to prevent cleavage of the disulphide bond,
a reaction which occurs at higher pH.2® In fact, a Ag*—
dmds solution stored for 24 h gave the same 'H n.m.r.
spectrum as that of the freshly prepared solution. Attempts
to study the Hg?*—dmds system failed as a white precipitate
formed; this could be the nitrate salt of a [Hg(dmds),]2*
complex or the result of fission of the disulphide bond.?®
Furthermore, Hg,?*" seemed to undergo disproportionation
in the presence of dmds, in accordance with related observa-
tions.3 Hence, no mercury—dmds system could be studied.

Under the influence of increasing amounts of Ca[ClO,],,
Zn[ClO,],, Cd[ClO,),, or Pb[NO,], in D,O the signals of
dmds are slightly shifted downfield indicating weak inter-
actions, but the shift differences are far too small to allow a
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curve-fitting procedure (I = 2—4.5, Na[ClO,], or 2—3
mol dm™3, Na[NO,]; 27 or 34 °C). Therefore, the assump-
tion was made that A3 = 3, — 3, would be about the same
for these systems as for the Ag*-dmds system.* Based on
A8 = 0.249 p.p.m. we estimated the stability constants of
these [M(dmds)]?* complexes; the results with their
approximate error limits are summarized in Table 1 together
with the stability data of related thioether complexes. It
is worth noting that an increase in A3 leads to a slight
decrease in Kyyamag), and vice versa.

Thioether—Mrt  Systems.—Since the stability of the
[Ag(dmds)]* complex is significantly lower than that of the
Agt—thioether system,?1:32 and the same behaviour is
shown by the corresponding complexes 2! with e.g. Cd2?*, we
decided to study for comparison a thioether ligand under
similar conditions. Hence, the chemical shifts observed for
dimethyl sulphide (dms) in aqueous solution and in the
presence of Ag*, Ca?*, Zn?*, Cd?*, or Pb?* were measured.
Again, Ag* (I = 0.1 mol dm™3, Na[NO,]; 34 °C) produced
significant downfield shifts (Figure 4); in fact these were
already so large at low concentrations that the stability
constant could only be estimated, but the result log K s g(ams)
3.7 + 0.3 is in excellent agreement with related data,?!
especially with the Ag*-2,2’-thiodiethanol (tde) system
studied by Widmer and Schwarzenbach: 32 log K g4 =
3.60 +0.03 (I =1.0 mol dm™, K[NOg]; 20 °C); in
addition the value log Kjgiae), = 2.46 4 0.05 for
[Ag(tde)]™ + tde === [Ag(tde),]* was determined.3?

As with dmds, the downfield shifts with dms in the
presence of Ca?t, Zn?** (I = 2—4.5 mol dm™, Na[ClO,];
34 °C), or Pb?** (I = 2—3 mol dm™, Na[NO,]; 34 °C) were
too small for the curve-fitting procedure, but with A8 =
0.334 p.p.m.} the stability constants for the corresponding
[M(dms)]}?* complexes could again be estimated in the way
described for the M2t-dmds systems. With the Cd?*-dms
system (I = 2—4.5 moldm™3, Na[ClO,]; 34 °C) the situation
is more complicated: here significant shifts were observed
(Figure 5), but the plot of 3 against [Cd2?*], which is re-
produceable, does not show the expected behaviour; only
the measurements at [Cd2*] < 0.7 mol dm™ can be fitted
by equations (3) and (6) in a satisfactory way, while the
measurements at [Cd2?*] > 0.75 mol dm™ deviate sig-
nificantly from this calculated curve, which corresponds
to log Kggums) = —0.32. However, evaluation of the
measurements at large Cd?* concentrations, in the way
described for Ca?*—, Zn2?'-, or Pb%*'-dms, gives a very
similar result: log Kgaams) = —0.33. Hence, despite the
aforementioned difficulties we conclude that log Kggams) =
—0.3 + 0.2 and that this is a reasonable estimate for the
stability of [Cd(dms)]?"; moreover, if all experimental data
shown in Figure 5 are forcefully fitted to equations (3) and
(6) one still obtains a constant which is within the given
error limits. The only way we see at present to explain
the deviations indicated in Figure 5 would be to postulate a
species [Cd,(dms)]**t {which would formally correspond to a
sulphone, i.e. O,SR,, while [Cd(dms)]?* corresponds to a
sulphoxide OSR,}, but without further evidence, which
seems difficult to obtain, we are very reluctant to do so,

* To a first approximation this assumption is certainly justified
(see also footnote ¢ in Table 1) and is confirmed, e.g. by the
similar changes observed in the chemical shifts of amino-acids
under the influence of protonation and Zn?** complexation (B. E.
Fischer and H. Sigel, J. Amer. Chem. Soc., 1980, 102, in the press).

1 This value corresponds to the Ag*-dms system where 3,
= 2.125 p.p.m. (average value) and 8 = 2.459 4 0.003 p.p.m.
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although it must be said that p-chloro- or p-hydroxo-
complexes, for example, are well known.

All the results of the M»*—dms systems are summarised in
Table 1, together with the stability constants of several
Mnr*—tetrahydrothiophen systems. These latter systems
were studied by spectrophotometry (see Experimental
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Ficure 5 Chemical shift of the resonance of the methyl protons
of dimethyl sulphide (1.5 x 1072 mol dm™) as a function of
[CA(ClO,);)tet- The measurements (I = 2—4.5 mol dm™3,
Na[ClO,]; 34 °C) were carried out in aqueous solution at pH
ca. 2. The curve shown is the computer calculated best fit of
the experimental data at [Cd?+] <0.7 mol dm™ (@): Kcydms)
= 0.47 4 0.25 dm?® mol™?, §, = 2.143 p.p.m., and 8o = 2.32
+ 0.08 p.p.m. Fordata () which deviate from the curve see
text

section and ref. 21) in 509, aqueous ethanol which corre-

sponds to a mol fraction of 0.24 (I = 1.0 mol dm™3, Na[CIO,]

or Na[NOy]; 25 °C). The results demonstrate again the

rather high stability of the silver(r) complex compared with

the listed M2t complexes.

DISCUSSION

Comparison of the Stability of Disulphide and Thioether
Complexes.—A comparison of the stability constants
listed in Table 1 reveals that the ligating properties of
the disulphide and the thioether groups appear to be
about the same for hard metal ions (e.g. Ca%*), while for
several of the borderline metal ions (e.g. Cd?*, see refs. 1
and 21, and Pb?*) they are somewhat different: this
means the disulphide complexes are less stable than the
corresponding thioether complexes.* With the soft Ag*
ion these properties are even more evident: the dif-
ference in stability between the silver(l) complexes of
dimethyl disulphide and dimethyl sulphide is a factor
of 50. This may indicate that the S;R, group is some-
what less soft than the SR, moiety.

All things considered, one may conclude that the
results of Table 1 are in accord with what one might have
predicted. Due to the formation of double bonds in a
disulphide (pr—d, interaction) 3% the electrons are less
available for co-ordination than at thioether sulphur,?

* The stabilities of [Cu(dmds)]?* and [Cu(des)]?* (des =
diethyl sulphide) in 509, ethanol (see Table 1) are apparently
contrary to this conclusion but one should remember that
different solvents have different effects on the complex stability of
ligands (probably due to steric restrictions in the solvated co-
ordination sphere) 3% as was shown recently for Cu2+—thioether
complexes.?! The stabilities of the copper(ir) complexes of the
sterically wery similar ligands 1,2-dithiolan-3-carboxylate and

tetrahydrothiophen-2-carboxylate do fit into the above picture
(see below and Table 2).
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hence complexes with S,R, are expected to be somewhat
less stable than those with SR,. In line with this reason-
ing is the so-called a-effect, .. the observation that e.g.
OH-~ is a better base than OOH™, or NH; than NH,NH,,
and indeed this is also true for SMe, and S,Me,.16

Chelate-formation Properties of Disulphide and Thio-
ether Moieties.—In the light of the preceding results it is
interesting to compare the ligating properties of the
disulphide and thioether groups in ligands which are
potentially able to form chelates: this was done by
comparing the tetrahydrothiophen moiety in tetrahydro-
thiophen-2-carboxylate (thtc™) with the 1,2-dithiolan
residue of 1,2-dithiolan-3-carboxylate [tetranorlipo-
ate (tnl7); see Figure 1]. It should be noted that the
steric properties of both ligands are practically identical.
Taking into account the suggestion 43 that the p,—d,
interaction is more pronounced in simple aliphatic
disulphides and that this double-bond character is
somewhat diminished in the 1,2-thiolan ring, one might
expect some enhanced ligating properties for the ring
system compared with simple aliphatic disulphides,
but this seems not to be the case. The 1,2-dithiolan
moiety 1s also a poorer ligating group than the tetra-
hydrothiophen ring, .e. the following results fit clearly
into the picture already described for dimethyl di-
sulphide and dimethyl thioether.

Forthe complexeswith tetrahydrothiophen-2-carboxyl-
ate and 1,2-dithiolan-3-carboxylate (ML*) an equilibrium
is expected between a chelated isomer in which the carb-
oxylate moiety and a sulphur atom are co-ordinated to
the metal ion (depicted as MLog*) and a simple carboxyl-
ate-co-ordinated isomer (MLo*). Hence, for these
isomers the intramolecular equilibrium 3%36 (8a) can be

MLyt === MLog* (8a)
K. = [MLog]/[MLo] (8b)

defined. The corresponding equilibrium constant K peate
(= Ka) is dimensionless and therefore independent of

the absolute concentration of ML*. The simple

equilibrium (7) may now be rewritten as equilibrium (9a)
M2+ L~ === (MLo* + MLog") (9a)
Kyr, = (MLo] + [MLos])/[M][L]  (9b)

In addition a constant Kyr, may be defined which
quantifies equilibrium (10a), .e. the reaction between
M2+ 4+ L~ === ML,"* (10a)
Ky = [MLo]/[M][L] (10b)
M2+ and L~ for the simple carboxylate co-ordination.
Substitution of (8b) and (10b) into equation (9b) gives
the relations (11) and (12). If one assumes that in a
Kyr, = Kyio + Kuro Kon. = Kyro (1 + Ken) (11)
Kch. - (KML/KML()) —1 (12)
theoretical case 209, of ML* exists in the chelated form
MLos*, one calculates from equation (8b) K., = 0.25,

and then from equation (12) the difference log A = log-
Kyr, — logKy1, = 0.1.  As a difference of 0.1 log units
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corresponds approximately to the lower limit which
may be determined from potentiometric pH titration
data with some reliability, for the considered complex
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such interactions may occur stereospecifically as was
shown 18:38.3% earlier for the tetrahydrothiophen moiety
of d-biotin with Mn?* and Cu?*.

TABLE 2

Dimensionless equilibrium constants K, [equation (8b)] for the intramolecular equilibrium between the chelated isomer
(MLgg') and the simple carboxylate-co-ordinated isomer (MLy") for several metal(ir)-ion complexes of thtc™ and tnl~,
together with the calculated percentages of the chelated isomer, in 509, aqueous dioxan at I = 0.1 mol dm™ and 25 °C

L M log Ky ® log Kyro ? logAc Ken % MLggt 4

thtc— Mn 1.80 4 0.05¢ 1.88°¢ ca. 0 ca. 0 <207
Cu 4.31 4+ 0.03¢ 3.15¢ 1.16 13.5 93 +1
Zn 2.35 4+ 0.03¢ 2.20° 0.15 0.4 29 + 8
Cd 2.68 + 0.027¢ 2,349 0.34 1.2 54 4 4
Pb 3.32 4 0.03¢ 2.92v¢ 0.40 1.5 60 + 5

tnl- Mn 1.87 4 0.03 *» 1.834 ca. 0 ca. 0 <207
Cu 3.07 +0.03* 2844 0.23 0.7 41 4- 7
Zn 2.14 + 0.03 4 1.994 0.15 0.4 29 4- 8
Cd 2.10 + 0.04¢ 2.16 ¢ ca. 0 ca. 0 <207
Pb 2.76 4 0.04¢ 2.457¢ 0.31 1.0 50 + 7

@ The errors given are three times the standard error of the mean value.

basicity of the carboxylate group (see the corresponding ‘ reference lines
As the extrapolation of these values is based on several independent systems the error is

the complexes with formate, acetate, etc.).
estimated to be <0.02 log units.

given errors of log Ky,,. ¢ From refs. 37 and 38. f See text.

systems, this means that the lower limit of formation
which may be estimated for MLog" is 209%,; all lower
values cannot be determined by this method. Further-
more, a difference of log A = 1 means that 909, of the
complex is present as the chelated isomer MLgg*, and
log A =2 corresponds to 999, MLog". It must be
added that the values of log A (Table 2) may not be
directly compared with the values of log Ky, given in
Table 1.

With this background we may now view the results
listed in Table 2 which have been calculated from pub-
lished data.l0-11.37.38 It js immediately evident that in
all systems a considerable percentage of the simple
carboxylate co-ordinated isomer MLo* is still present,
but also that in the M2*—thtc™ systems the percentage
of the chelated isomer MLos" is larger than for the
M2'—tnl~ systems, thus confirming the somewhat better
ligating properties of thioethers compared with di-
sulphides. In addition, by closer consideration, finer
details are confirmed such as the similar co-ordination
tendency of Zn%" towards SR, and S;R,, or the tendency
of Cd?* to favour SR, (see also Table 1).

To summarize, the ligating properties of both the
disulphide and the thioether 2! groups favour soft metal
ions, while their tendency to co-ordinate with the bio-
logically important hard or borderline metal ions is
obviously very slight and rather unspecific (Table 1).
However, it must be pointed out that these seemingly
negligible co-ordinating properties may lead to enhanced
complex formation with ligands which have these
weakly co-ordinating moieties in addition to stronger
binding sites in the appropriate steric position, as we
have seen for the M®*—thtc™ or ~tnl~ systems (Table 2),
a fact which also holds for mixed-ligand complexes.10.38
We believe that the most important point, with regard to
biological systems, is that equilibria between isomers of
certain complexes may be attained rather easily. This
factor could well be a key to selectivity, especially as

clog A = log Kui, — 1ogKyue.
¢ From ref. 11.

5 These values are expected on the grounds of the
" in the original papers,1%.11.37.38 which were obtained from

¢ The error limits were calculated by adding 0.02 log units to the
*» From ref. 10.
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