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Abstract

Three new dihydroxamic acids (HO(CH3)NCO—(CH,), ~CO-NH—-(CH,),, ~-CON(CH3)OH, where the related x and y values are
as follows: 2,5; 3,4 and 3,3) with different length of the connecting chains containing the peptide group in different positions between
the two functional groups were synthesized and their complexation with Fe(III), Mo(VI) and V(V) were studied by pH-
potentiometric and spectrophotometric methods. Both the structure and length of the connecting chain in the 2,5-dihydroxamic acid
(2,5-DIHA) are the same as those in the natural siderophore, desferrioxamine B (DFB). Although the stability of the monochelated
complexes formed with all three dihydroxamic acids are similar, 2,5-DIHA forms significantly more stable bis-chelated complexes
than the other two ligands with the three metal ions studied. The results support the hypothesis that the arrangement of the two
chelating functions in 2,5-DIHA is in a proper preorganization for the coordination in octahedral complexes to metal ions having

similar ionic radius as iron(III) has.
© 2002 Elsevier Science B.V. All rights reserved.
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1. Introduction

Even if there is little or no stability increase for
complexes formed with polyhydroxamates relative to
monohydroxamates, a concentration effect makes the
former compounds more effective metal ion sequester-
ing agents [1]. This might be one of the reasons, why the
best-known natural hydroxamic acids, the siderophores,
are polyhydroxamates containing three or in some cases
two chelating moieties [2,3]. The arrangement of these
chelating functions in the siderophores is suitable for the
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coordination in octahedral complexes to iron(III) or to
metal ions with size similar to iron(III) [3,4]. Conse-
quently, the arrangement does not fit well a much larger
metal ion, e.g. calcium(II), to which only the coordina-
tion of one of the three hydroxamates of the desferriox-
amine B (DFB) was found [5]. Hence, the structure and
length of the connecting chain between two hydroxa-
mate moieties play a crucial role in determining the
stoichiometry and stability of the complexes formed [5—
9]. If the chain is not long enough, ring strain prevents
the coordination of both hydroxamates to the same
metal ion and the two chelates bridge two metal ions [8].
However, as noted above, the adequate length of the
connecting chain depends very much on the ionic radius
of the metal ion, on the geometry of the complex
formed, etc. Additional important factor is the structure
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of the connecting chain. As it is known from previous
works, the affinity of siderophores to iron(IIl) is
enhanced by the proper preorganization of the chelating
functions [3]. Both connecting chains in DFB have the
same special structure, —(CH,),—~CO-NH-(CH,);s—,
each of them involves a peptide moiety, and as it was
stated in previous work [5], the involvement of peptide
group results in higher solubility of the ligand and
makes the chain more rigid as well. In order to explore
the effect of the position of the peptide bond on the
metal complexation, in the present work three new
dihydroxamic acids involving the chains —(CH,), —CO-
NH-(CH,),— were synthesized. For x=2 and y=5
(2,5-DIHA) the chain corresponds to those in DFB. The
peptide bond is situated at different position in 3,4-
DIHA (x=3, y=4), while the chain is somewhat
shorter in 3,3-DIHA (x =y =3). The metal ions in-
volved in these solution equilibrium studies are iron(III),
molybdenum(VI) and vanadium(V). The direct correla-
tion between the biological role of hydroxamate based
compounds and their iron(IIT) complexation in micro-
organisms is well known [1,2]. According to recent
suggestions, however, siderophores play crucial role
not only in iron but also in molybdenum uptake in
nitrogen fixing bacteria [10,11] and vanadium is also
considered as an essential trace element for bacteria [12].
In spite of the above facts, very few solution equilibrium
works have been carried out especially for
molybdenum—hydroxamate and vanadium-hydroxa-
mate systems.

2. Experimental
2.1. Synthesis of the ligands

2.1.1. Materials and general procedures

Whenever needed, solvents were purified and dried
according to standard methods [13]. 4-Aminobutyric, 5-
aminovaleric and 6-aminohexanoic acids were pur-
chased from Aldrich, succinic and glutaric anhydride
and N-methylhydroxylamine hydrochloride from
Fluka. All the chemicals were used without further
purification. NMR spectra were recorded on a Varian
Unity 300 FT NMR spectrometer at 25 °C. Chemical
shifts are reported in ppm (0 ) from sodium 3-(trimethyl-
silyl)-[2,2,3,3-’H,] propionate as internal reference.
Mass spectra were recorded on a VGTRIO-2000 GC
MS instrument.

2.1.2. Synthesis of the dicarboxylic acid intermediates

2.1.2.1. HOOC-(CH,);—CO-NH—-(CH,);—COOH

(1). To a stirred mixture of 4-aminobutyric acid (1.00 g,
9.70 mmol) and triethylamine (1.35 ml, 9.70 mmol) in
dry CH3CN (250 ml) a solution of glutaric anhydride

(1.11g, 9.70 mmol) in dry CH3CN (15 ml) was added
dropwise at ambient temperature. The mixture was
refluxed for 4 h. After cooling it was filtered and the
solution evaporated in vacuo. The residue was taken by
20 ml of saturated NaCl solution and the pH changed to
2.0 by 3 M HCI. The solution was extracted with ethyl
acetate (3 x 90 ml) the organic phase dried on Na,SOy,.
After removal the solvent a pale oil remained which
partly turned solid in the fridge. Treatment of it with a
few drops of CH3CN and diethyl ether afforded 1 as a
white crystalline solid. It was filtered and washed with a
little cold CH3CN. Yield: 1.66 g (79%). '"H NMR (300
MHz, D,0O) o: 3.21 (2H, t, CH,), 2.38 (4H, t, CH;), 2.27
(2H, t, CH»), 1.86 (2H, p, CH,), 1.79 (2H, p, CH,). MS
(FAB) m/z: 218(40%) (M +1).

2.1.2.2. HOOC-(CH,);—CO-NH-(CH,),—~COOH
(2). It was obtained in a similar manner as described
above using S-aminovaleric acid (1.14 g, 9.70 mmol).
Before complete evaporation of the ethyl acetate extract
(3 x 100 ml) white solid begun to form. At this stage ( ~
30 ml of liquid) the mixture was chilled and filtered,
washed with CH3CN (3 ml) and diethyl ether (3 ml).
Yield: 1.21 g (54%). '"H NMR (300 MHz, D,0) ¢: 3.16
(2H, t, CH;), 2.34 (4H, t, CH,), 2.25 (2H, t, CH,), 1.84
(2H, p, CH,), 1.56 (2H, p, CH,) 1.52 (2H, p, CH,). MS
(FAB) m/z: 232(88%) (M +1).

2.1.2.3. HOOC-(CH,),—~CO-NH-(CH,)s—COOH
(3). It was obtained using 6-aminohexanoic acid (2.00 g,
15.25 mmol), triethylamine (2.22 ml, 16 mmol) in dry
CH;CN (150 ml) and succinic anhydride (1.53 g, 15.25
mmol). Similar work-up as before with ethyl acetate
(5 x 60 ml) afforded 3.02 g (86%) of 3 as a white solid.
'"H NMR (300 MHz, D,0) J: 3.14 (2H, t, CH,), 2.62
(2H, t, CH,), 2.47 (2H, t, CH,), 2.34 (2H, t, CH,), 1.56
(2H, p, CH,) 1.47 (2H, p, CH,), 1.29 (2H, p, CH,). MS
(FAB) m/z: 232(84%) (M +1).

2.1.3. Synthesis of the dihydroxamic acids

2.1.3.1. HO(CH;)NCO-(CH,);—CO-NH—-(CH,);—

CON(CH;3)OH, 3,3-DIHA (4). N-methylhydroxyla-
mine hydrochloride (2.31 g, 27.66 mmol) was dissolved
in dry methanol (20 ml) and chilled in an ice-bath. Dry
KOH (1.55 g, 27.62 mmol) as pellets, was added at 0 °C
while stirring under nitrogen. The reaction mixture was
stirred in ice-bath for 15 min meanwhile solid KCI
formed. In another flask 1 (2.0 g, 9.22 mmol) was
dissolved in dry THF (150 ml) under nitrogen and
cooled to 0 °C in ice-bath. Ethylchloroformate (2.11 ml,
22.17 mmol) followed by N-methylmorpholine (2.65 ml,
24.10 mmol) were added while stirring. The reaction
mixture was stirred for 15 min, fine white precipitate (N-
methylmorpholinium hydrochloride) formed. The free
N-methylhydroxylamine solution was filtered into a
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three-neck flask kept in ice-bath under nitrogen while
the ester solution made from 1 filtered into a dropping
funnel. The latter solution was added dropwise to the
former one within 5 min while it was stirring under
nitrogen at 0 °C. The resulting milky-like reaction
mixture was stirred for 15 min at 0 °C and for 1 h at
ambient temperature. After removal the solvent the
remaining oil was taken by 20 ml of saturated NaCl
solution and extracted at pH ~ 6—7 with ethyl acetate
(5 x 150 ml). The extract dried on Na,SO,4 and evapo-
rated in vacuo. Upon cooling the pale oil partly turned
into white solid and was treated with dry CH3CN (2 ml)
and the resulting fine crystals were filtered and washed
with diethyl ether (2 ml). Pure product suitable for
analysis was obtained after recrystallization from
CH;CN. Yield: 0.85 g (34%). 'H NMR (300 MHz,
D,0) 6: 3.34! (s, NCH;), 3.20" (s, NCHs), 3.17"' (4,
CH,), 2.49% (t, CH,), 2.38° (br, CH,) 2.25 (2H, t, CH,),
1.83 (2H, p, CH»), 1.75 (2H, p, CH,). MS (FAB) m/z:
276(47%) (M +1).

HO(CH3)NCO - (CH,); - CO —NH - (CH,); — CON-
(CH5)OH, 3,4-DIHA (5) and HO(CH3)NCO—(CH;),—
CO-NH-(CH,)s;—CON(CH3)OH, 2,5-DIHA (6) were
prepared in an analogous manner.

3,4-DIHA (5): Yield: 39%. "H NMR (300 MHz, D,0)
5: 3.34! (s, NCHj3), 3.20' (s, NCHj3), 3.17' (t, CH,),
2.48% (t, CH,), 2.37° (br, CH,) 2.25 (2H, t, CH.,), 1.83
(2H, p, CH,), 1.53 (4H, br, CH,). MS (FAB) m/z:
290(69%) (M +1).

2,5-DIHA (6): Yield: 47%. "H NMR (300 MHz, D,0)
5: 3.34' (s, NCH;), 3.20' (s, NCH3), 3.17' (t, CH,),
2.77% (t, CH,), 2.64° (br, CH,) 2.48% (t, CH,), 2.37° (br,
CH,) 1.56 (2H, p, CH,), 1.49 (2H, p, CH,), 1.31 (2H, p,
CH,). MS (FAB) m/z: 290(40%) (M +1).

2.2. Equilibrium measurements

2.2.1. Metal ion and ligand stock solutions

The molybdenum(VI) stock solution was prepared
from Na,MoO, (Reanal), the vanadium(V) solution was
made by dissolving NaVO; (BDH) in diluted KOH
solution of known concentration. Solution of iron(I1I)
was prepared by dissolving the appropriate amount of
the metal chloride (Reanal) in hydrochloric acid of
known concentration. The metal ion concentrations
were checked gravimetrically via precipitation of the
quinolin-8-olate. The exact concentrations of the ligand
stock solutions were determined by the Gran’s method
[14].

! Sum of the integral of these signals is (6+2)H.
2 Sum of the integral of these signals is 2H.
3 Sum of the integral of these signals is 4H.

2.2.2. Potentiometric and spectroscopic studies

The pH-metric and spectrophotometric measurements
were carried out at an ionic strength of 0.2 mol dm —?
(KCI) and at 25+0.1 °C. Carbonate-free KOH solu-
tions of known concentrations (ca. 0.2 mol dm ~°) were
used as titrant. HCI stock solutions were prepared from
cc. HCI (both the acid and base were Merck products)
and their concentrations were determined by pH-metric
titrations. A Radiometer pHM 84 instrument equipped
with Metrohm combined electrode (type 6.0234.110)
and Metrohm 715 Dosimat burette was used for the pH-
metric measurements. The electrode system was cali-
brated according to Irving et al. [15] and the pH-metric
readings could, therefore, be converted into hydrogen
ion concentration. The water ionization constant, pK,,,
is 13.76 +£0.01 under the conditions employed. The pH-
metric titrations were performed in the pH range 2.0—
11.0, except Mo(VI) containing samples where the pH
range was 2.0—10.0. Initial volume of the samples was
10.00 cm®. The ligand concentrations were varied in the
range 1.00—4.00 x 10 ~* mol dm —* and the metal ion to
ligand ratios in the range 1:1-1:4. Number of titration
points was about 200 for each system. The accepted
fitting of the titration curves always was less than 0.01
cm’. The samples were in all cases completely deoxyge-
nated by bubbling purified argon for approximately 20
min before the measurements.

A HP 8453 spectrophotometer was used to record the
UV-Vis spectra over the range 200-650 nm for
molybdenum complexes, over the range 300-800 nm
for iron complexes and between 350 and 700 nm for the
vanadium containing systems. The measurements for
both the iron(III) and vanadium(V) containing systems
were carried out preparing individual samples in which
the 0.2 mol dm~* KCI was partially or completely
replaced by HCl. pH values, varying in the range
approximately 0.7-1.4, were calculated from the HCI
content. The metal ion concentrations were in the range
2x107*to 2 x 1072 mol dm~* and the metal ion to
ligand ratios between 1:1 and 1:20. Spectrophotometric
titrations were also performed with samples containing
iron(III) or Mo(VI) in 2.5x10"* to 1 x 1073 mol
dm~? concentrations at metal to ligand ratios ranging
from 1:3 to 1:8.

The spectrophotometric results were utilized to calcu-
late the stability constants for the complexes formed
below pH 2. Above pH 2 potentiometric data were used
to find the stoichiometry of the species and calculate
their concentration stability constants. The calculations
were performed by the PSEQUAD computer program [16]
using the following literature data (log ) for the
iron(IIl) [17], molybdenum(VI) [18] or vanadium(V)
[19] hydrolytic species (the Davies equation was used to
take into account the different ionic strengths; H_;
relates to the metal induced ionization of the coordi-
nated water):
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[FeH_,]**+ —3.21
[FeH _,]* —6.73
[FeH _,]* " —4.09
[FesH _ 4" —7.58
[HMo0O,]~ 4.03
[HoMoOy4] 6.70
[Hg(MoOy);]°~ 53.18
[Ho(M0Oy),]° 58.10
[H,o(Mo0Og4)7]*~ 62.11
[H1(MoOy)7]* ~ 64.54
[VO,] ™" 14.93
[HoVO,] ™~ 8.17
[V,0,]*~ 0.15
[HV,0,]*~ 10.49
[H,V,04]*~ 18.99
[V,015]°~ 22.70
[HV,05]° ~ 32.05
[V401,]*~ 41.92
[VsOqs]° ~ 52.02
[V1002s]®~ 131.98
[HV002s] 138.60
[H,V1005s] 142.77
[H3V005s] 144.63

3. Results and discussion

3.1. Proton complexes

As can be seen in Table 1 the neutral forms of the
ligands studied have two dissociable protons each. The
corresponding values are listed in Table 1.

It is clear from Table 1 that there are no significant
differences between the acid—base properties of the three
dihydroxamic acids, and dissociation of the first proton

Table 1

from each ligand starts approximately above pH 7. On
the other hand, the ApK (—log(Kui/Kn 1)) values in
Table 1 are somewhat higher than the value expected on
the basis of statistical considerations (0.60) [20], indicat-
ing that the hydroxamate functions are not entirely
isolated within the individual molecules. Since the two
functions are separated by numerous atoms from each
other in the chain, no through-chain interaction can be
expected between them, but through-space interaction
seems very likely. Greater difference between the
calculated ApK and the statistical value shows more
significant intramolecular interaction between the two
hydroxamic groups.

3.2. Iron(IIl), molybdenum(VI) and vanadium( V)
complexes

3.2.1. Solution equilibrium studies

For the Mo(VI) or V(V) systems where numerous
species are co-present but the free metal ions do not exist
in aqueous solution, as usual, MoO,2~ or HVO ™ are
choosen as components M in the calculations. The
general abbreviation of the ligands studied is L*~
relating to the completely deprotonated form of 2,5-
DIHA, 3,4-DIHA and 3,3-DIHA as well. Based on the
above, the overall reactions between the metal ions and
the ligands as well as the overall stability constants of
the complexes formed in the systems can be defined as
follows:

pFe’" 4+ L7 + rH " 2vmmm[Fe L H,J7 "~ (1)
[Fe,L H,]¥*" 2
[Fe™ P[L* J[H'T
MoO;™ + L’ + rH" et MO, LH,J*+ 21+
+(r—»)/2H,0 )

p=

The formulae and the dissociation constants of the ligands studied, 7 =25.0 °C, I=0.20 mol dm ~* (KCI)

Formula

O H (¢}
HO\T)WNWTfO“ 2,5-DIHA
(6]

] o} o
HO\NWNWN,OH 3,4-DIHA
| i |

o} o} |
o, A AA N
N AS
N N/\/\( OH
| " 0

3,3-DIHA

Abbreviation pK; pK: ApK
8.47(1) 9.26(1) 0.79
8.32(1) 9.26(1) 0.94
8.31(1) 9.33(1) 1.02

(standard deviations are in parentheses)
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[(MOOXLHJ)]6+)772(1 +x)
[MoO,> JIL* JH*T

B =

pHVO; ™ +4¢L* + rHﬂ—-[VpO’ L H ¥+ -2+n

XTTqTy
+(@+r—y)/2H,0 3)
ﬁ _ [VFOXLqHy]S[I+y72(x+q)
[HVO,> P[L* [[H*]

As is known from previous solution equilibrium
studies [1,3,5], major coordination modes of dihydroxa-
mic acids are the following: either one hydroxamate
function of HL ™ is coordinated (I) or two chelates are
formed involving L?~ (II). Since one dihydroxamic acid
molecule is able to occupy only four coordination sites,
hexacoordinated species can be formed only in the
equilibrium process producing 2:3 metal to ligand
species (III). The formation of this latter species is
general between iron(III) and dihydroxamic acids [3] but
it has not found yet with molybdenum (VI) where
maximum two oxygens of the MoO4~ can be displaced
by hydroxamates [18]. The situation with vanadium(V)
is even more interesting. According to the few previous
results, monohydroxamic acids are not, but DFB, which
forms more stable complexes is able to displace all the
oxygens of HVO4 ~ [21]. The question is open whether
these dihydroxamic acids behave like DFB or as
monohydroxamic acids from this point of view in their
vanadium complexes (Scheme 1).

First of all, potentiometry was used to find the species
formed in measurable concentrations and to calculate
their stability constants. Titrations were performed
between pH 2 and 11 on the samples specified in Section
2. The results (the significant differences between the
corresponding pH-metric curves) support unambigu-
ously that the interaction between the metal ions and
these dihydroxamic acids starts below pH 2 in all cases.
Although pH-potentiometry can not give adequate
results in the very acidic region, fortunately, the com-
plexes which can be formed have characteristic charge
transfer bands (see Table 2). Therefore, UV—Vis spec-
trophotometry can be used to obtain results for the

0 o\l o O
HO o~ | g oo

(1)

Scheme 1.

Table 2
Some spectral features of the characteristic absorption bands for
Fe(Il1)—, Mo(VI)- and V(V)-hydroxamate complexes

Metal ion Number of hydroxamate 4 & (dm® mol !
chelates (nm) cm™h
Fe’t @ 1 510 1000
2 470 1800
3 425 2550
MoO,** * 2 290 2500
Non-oxo 3 492 3400
V(v) ¢
# Ref. [5].
® Ref. [18].
¢ Ref. [21].

processes occurring below pH 2. However, as the ionic
strength was 0.2 in all of our pH-potentiometric studies,
to maintain this value also below pH 2, maximum 0.2
mol dm ~3 concentration of HCI was used, therefore, the
minimum pH in the spectrophotometric measurements
was approximately 0.7. Moreover, because of the
unexplored hydrolytic processes in the molybdenum(VI)
system below pH 2, only the species formed above pH 2
with this metal ion were determined.

For the iron(III) containing systems spectrophoto-
metric measurements were performed below pH 2 on
individual samples prepared as given in the Section 2.

1.0
pH ~ 5.5-9.0; 3 max = 425 nm
° 0.8
g N~ pH~0.7-20;
£ 067 —469mm| &
g Amax
2 04
0.2 A
0.0 T T T 7
280 380 480 580 680
Wavelength (nm)
0.8
PH ~5.5-9.0; ) max = 425 nm
0.6 1
3 H = 2.04; 5 0x =470 nm
g b.
<
£ 04-
(=3
2
-«
0.2 9
0.0 T T T
280 380 480 580 680
Wavelength (nm)
Fig. 1. Representative UV—Vis spectra recorded for the Fe(IlI)-2,5-
DIHA system at 1:2 metal ion to ligand ratio at cpeqr =4 X 10~ % mol
dm 3 (a) and Fe(IlI)-3,4-DIHA system at 1:2 metal ion to ligand ratio
at Cpeqny = 2.5 X 10~* mol dm ~ 2 (b). The pH values in turn are 0.74;

0.86; 1.05; 1.38; 2.04; 5.50; 6.60; 7.46 and 9.00.
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However, first of all the hydrolytic stability of systems
was checked. It was found that the intensity of the
characteristic charge transfer band recorded at pH 2.0
or at higher pH did not show any time-dependence, but
it decreased by 0.3 and 4.5% if the ligand was 2,5-DIHA
and 3,4-DIHA, respectively, at pH 0.8 within 1 h. (The
results for the 3,4-DIHA and 3,3-DIHA containing
systems were the same.) This means that the hydrolytic
stability of the complexes is not as good at very acidic
conditions as at higher pH. To avoid any measurable
decomposition of the complexes, each spectrum used for
calculations was recorded within a few seconds follow-
ing the preparation of the sample. Some of the experi-
mental results for the iron(III)-2,5-DIHA and for the
iron(III)-3,3-DIHA are shown in Fig. 1(a) and (b).

An evaluation of the UV—Vis electronic spectra in
Fig. 1 and a comparison of the A, values with the
corresponding ones in Table 2 clearly support that the
formation of the bis-hydroxamato iron(Ill) complex is
almost completed by pH approximately 0.7 with 2,5-
DIHA (Fig. 1(a)) but only by pH approximately 2.0
with 3,4-DIHA (Fig. 1(b)). The spectra recorded for
iron(II)-3,3-DIHA samples are very similar to those
obtained with 3,4-DIHA. Moreover, if the pH is
increased, the spectral parameters (An.x, € values) are
changed up to pH approximately 5.5 where for all the
three systems the Ay, values are at approximately 425
nm and molar absorptivities are approximately 2900
cm ' mol ~'-dm?, supporting the formation of tris-
chelated complexes. Further increase of the pH up to 9.0
results in unvaried spectral features. Only the spectro-
photometric experimental data could be used to calcu-
late the stability constants for the complex(es) formed
below pH 2 and the best fitting was found for each
system with the assumption of [FeL]". Consequently,
stability constants for the monochelated complexes,
[FeLH]2+, (I) could not be determined. The A, values
are at approximately 470 nm with & approximately 2000
cm ™~ '-mol ~'-dm?, confirming the bonding mode (II) in
the [FeL]* complexes. The calculated values for these
species are shown in Table 3. If the values for the three

different [FeL]"™ are compared, one can see that those
for the complexes formed with 3,3-DIHA and 3,4-
DIHA are similar, but significantly higher constant is
calculated for the iron(I1I)-2,5-DIHA complex indicat-
ing higher flexibility of 2,5-DIHA with respect to the
factors required for Fe(Ill) binding.

The spectrophotometric results show that all the six
coordination sites of the iron(III) are occupied by
hydroxamates in the pH range approximately 5.5-9.0
(Fig. 1(a) and (b)) supporting the formation of [Fe,L;]
(III); the stability constants of which were determined
by pH-potentiometry are also shown in Table 3. If the
overall stability constants for the dinuclear complexes
formed with the three dihydroxamic acids are compared,
similar differences as observed among the [FeL]" values
are found. Using, however, the overall constants in
Table 3 and calculating logarithmic stability constants
(log K) for the stepwise reaction (4)

2[FeL]" 4 L™ wemmt[Fe, L] 4)
log K =log ﬁ[Fest] —2log ﬁ[FeL]

one cannot find significantly higher log K value for the
2,5-DIHA containing complex than for the other two
[Fe,L3] complexes. This result supports the hypothesis,

that 2,5-DIHA forms more stable complex than the
other two ligands studied only if it coordinates to the

Base equivalent

Fig. 2. Representative pH-potentiometric titration curves for the 2,5-
DIHA (a) and for Mo(VI)-2,5-DIHA samples at 1:1 (b), 1:2 (¢) and 1:3
(d) ratios at ¢jjgang = 1.88 x 10~ * mol dm 3 (negative base equivalent
values mean acid excess).

Table 3

Stability constants (log f,,,) for the Fe(I1I), Mo(VI) and V(V) complexes formed with the dihydroxamic acids at 25.0 °C and at I = 0.20 mol dm~?

(KC1

Metal ion Species M L H 2,5-DIHA 3,4-DIHA 3,3-DIHA

Fe(III) [FeL]™ * 1 1 0 21.05(4) 19.87(2) 19.84(3)
[Fe,Ls) 2 30 61.01(6) 57.53(3) 58.99(5)

Mo(VI) [MoO,L] 1 1 4 33.07(1) 31.41(2) 31.27(2)
[MoO;LH] ™ 1 1 3 26.79(2) 26.68(4) 26.62(5)

V(V) [VoLsJ* T # 2 3 14 103.7(1) 99.6(2) 100.9(3)
[VOL]* 1 1 5 38.56(8) 36.61(13) 37.73(12)
[VO,LH] 1 1 4 37.33(3) 35.78(4) 36.11(7)
[VO,L]™ 1 1 3 33.01(1) 31.39(2) 31.69.(3)

& Determined using spectrophotometric method (pH < 2) (standard deviations are in parentheses).



E. Farkas et al. | Inorganica Chimica Acta 339 (2002) 215-223 221

same metal ion via both of its hydroxamate chelates, but
not if it bridges two metals.

Comparison of the stability constants with previously
published corresponding values of different natural
dihydroxamic acids [1] shows similar iron(IIT) binding
ability of all these ligands. For example, the calculated
pFe values for 2,5-DIHA, 3,4-DIHA, 3,3-DIHA and
rhodotoluric acid (at pH 7.4, cg.= 10~° mol dm 3,
=107 mol dm %) are 21.6, 20.1, 20.7 and 21.8,
respectively. The values for 2,5-DIHA and rhodotoluric
acid are almost the same.

The corresponding pH-potentiometric curves for the
free ligands and molybdenum(VI)-ligand samples are
completely superimposed above pH approximately 8
supporting measurable interaction between the molyb-
denum(VI) and the studied dihydroxamic acids only
below pH 8. To demonstrate this, some representative
titration curves are shown in Fig. 2.

The pH-metric titration curves for all the three
systems could be fitted very well if beside the formation
of the known proton complexes of the ligands and
hydrolytic products of the molybdenum(VI) the species
[MoO;LH]™ and [MoO,L] were assumed. The calcu-
lated overall constants are presented in Table 3. A
comparison of these constants with previous ones for
some other molybdenum(VI)—dihydroxamate com-
plexes [5] supports the bonding mode (I) in the
[MoOs;LH] ™ and (I) in the [MoO,L] complexes. In (I)
and (II) species, however, three and two coordination
sites, respectively, are occupied by oxo-ligands. Table 3
shows that the stability constants of the mono-chelated
[MoO;LH] ™ complexes are almost the same, but 2,5-
DIHA forms more stable bis-chelated [MoO,L], than
the other two ligands. The stability differences between
the individual [MoO,L] complexes result in the signifi-
cant differences between the concentration distribution

100 -

80 -

Mo(VD%

Fig. 3. Concentration distribution curves for the complexes formed in

the Mo(VI)-2,5-DIHA system (a) and Mo(VI)-3,4-DIHA system (b) at
1:2 metal to ligand ratios and at cyovyy =1 X 103 mol dm 3.

curves as well which is clearly demonstrated in Fig. 3(a)
and (b).

There are various similarities as well as differences
between Fig. 3(a) and (b). Namely, the formation of
polyoxo-molybdates is completely hindered in both
systems and the ligands are displaced by hydrolytic
processes by pH approximately 8. However, while the
very high stability of the dioxo-molybdenum-bis-hydro-
xamato species formed with 2,5-DIHA hinders the
formation of [MoOs;LH]™ (see Fig. 3(a)) it is formed
in high concentration with 3,4-DIHA (see Fig. 3(b)).
The results received with 3,3-DIHA are similar to those
with 3,4-DIHA.

The differences in Fig. 3 were also supported by
spectrophotometric results, as the intensity of the charge
transfer band at Ay, ~290 nm (¢ ~ 2500 cm ~'-mol -
dm®) being characteristic for the species [MoO,L]
started to decrease above pH 5 if the ligand was 2,5-
DIHA, but already above pH 3 in the cases of 3,4-
DIHA and 3,3-DIHA.

Accordingly, the above results for the molybde-
num(VI) containing systems give additional support to
the favored formation of bis-chelated complex with 2,5-
DIHA.

In the vanadium(V) containing systems the competi-
tion between the metal complex formation and proto-
nation reactions of the ligands as well as the hydrolytic
processes of the metal ion resulted in rather complicated
equilibrium models. The deep red color of the potentio-
metric samples indicated intensive complex formation at
already pH ~2. The comparable spectral features
(Amax =478 nm, ¢ ~3000 cm~'-mol~!-dm?) of the
systems studied here with those of DFB (see Table 2)
strongly suggested very similar trends at acidic condi-
tions. As it was already mentioned, DFB was found to
be able to displace in stepwise processes both of the oxo
groups of VO, cation being present at low pH in the
millimolar concentration scale and non-oxo V(V) com-
plex with the coordination of three hydroxamate
chelates was formed [21].

During the titrations the color of the samples with the
dihydroxamic acids became paler by pH ~3.5 and
changed to orange, yellow and finally vanished by
pH ~9.5. On the basis of the spectral similarities with
those of DFB we conclude that the ligands studied here
are also able to displace partly ([VOL]') or fully
([V-Ls]*") the oxo groups of VO, occupying all the
six coordination sites around the metal ion with the
formation of [V,Ls]*" (IIT). Evaluation of the potentio-
metric data providing the best speciation model is shown
in Table 3.

Since the main formation range of [V,L]* T lies where
the measurement of pH is less reliable, its formation
process was also monitored by spectrophotometric
method. Treatment of the data recorded within seconds
(vide infra) in the range 0.8 <pH <2.0 using freshly
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Fig. 4. Concentration distribution curves for the complexes formed in
the V(V)-2,5-DIHA system at 1:4 metal to ligand ratio and at ¢y, =
1 %1073 mol dm 2.

prepared individual samples allowed us to obtain
accurate value for the stability constant of [V,Ls]*"
also confirming its stoichiometry. During these calcula-
tions the stability data from potentiometry for [VOL]™
and [VO,LH] were also involved as fixed values. The
determined values for the [V,L;]* ™ complexes appear in
Table 3 as well. Representative concentration distribu-
tion curves are presented in Fig. 4.

One can see in Fig. 4 that these dihydroxamic acids
displace both the oxo groups of a VO," cation mainly
below pH 2 and species involving VO, " core are almost
exclusively formed in the pH-range 2-9. As a result of
the various competition reactions, following the bis-
chelated coordination mode of the ligands at low pH,
their mono-chelated coordination in the [VO,LH] in the
pH-range approximately 1.5-5.0 occurs. Above pH
approximately 5 the dihydroxamic acids are coordinated
again exclusively in bis-chelated mode (II) and they are
displaced by hydrolytic processes only at quite high pH.

The hydrolytic stability of the vanadium(V) contain-
ing systems was also checked. Similarly to the iron(III)
systems we did not observe any irreversible reaction
between the ligands and V(V) in the measurable pH
range. Unexpectedly, unlike for the Fe(IIl) systems, it
was found that the intensity of the characteristic charge
transfer band recorded at pH 0.8 decreased relatively
fast in time for 3,3- or 3,4-DIHA, respectively, and
much slower for 2,5-DIHA. The decomposition of the

12 —
Pmm—,. 5 DIHA
1.0 +
A o S - .
3 08 |
LI |
5 06 ;
2
< 0.4
0.2 —A—
H*kt., 4 4
0.0 T T
0 3000 6000 9000

time (s)

Fig. 5. The time-dependence of the absorbance at 480 nm in the V(V)—
dihydroxamate systems at cyyy,=3.78 x 10™* mol dm > and at 1:4
metal to ligand ratio.

colored species was significantly faster than in any cases
with Fe(III) (see above) and is shown in Fig. 5.

Although these latter findings need further research, it
is apparent from Fig. 5, however, that the 2,5-DIHA
system behaves completely different from the two others
and the complex containing 2,5-DIHA is more resistant
against these irreversible processes than the other two
indicating the importance of the arrangement of the
chain constituents. The difference between the decom-
positions in the presence of Fe(IIl) or V(V) allows us
also the assumption that these metal ions may enhance
the hydrolytic decomposition of the ligands at pH ~ 0.8
in a very different manner.

As a final conclusion of the equilibrium results we can
conclude that although all these ligands can form stable
octahedral complexes with the metal ions studied (the
values are reasonable for complexes formed with
dihydroxamic acids, in general), however, the complexes
in which the two hydroxamates of the 2,5-DIHA are
coordinated to the same metal ions (II) have special high
stability. To explain the stability differences one might
consider that the somewhat shorter connecting chain in
3,3-DIHA, if it is not completely adequate to the size of
these metals, is responsible for the lower stability of the
complexes formed with this ligand. This is, however, not
true, because the stability of the complexes formed with
3,3-DIHA and 3,4-DIHA are always comparable (see
Table 3), although, the length of the spacer links in 3,4-
DIHA and 2,5-DIHA is completely the same. A more
reasonable explanation of the results is that the pre-
organization of the chelating moieties in these ligands is
highly effected by the position of the peptide group
situating in the connecting chain and is the most favored
in the 2,5-DIHA. To obtain somewhat more quantita-
tive answer for this problem, theoretical calculations
have also been performed.

3.2.2. Molecular mechanics (MM )

In order to get somewhat more insight regarding the
differences between the metal binding ability of the
dihydroxamic acids studied MM calculations for the
iron(III) bis-chelated complexes, [FeL]" formed with
2,5-DIHA and 3,4-DIHA were performed using the
commercially available modeling package Cerius [22].
The Fe(IIT) environment in the simulated structures of
both the Fe-complexes is six-coordinated octahedral
with two water molecules to complete the coordination
around the metal center.

Fig. 6 shows the two minimal strain energy confor-
mations for the two complexes. These structures were
generated using the Universal forcefield utilized by that
program.

The molecular modeling results suggest that the bis-
chelated type coordination is favored in the 2,5-DIHA
over the 3,4-derivative by 5 kcal mol ', which origi-
nates from higher valence terms and van der Waals
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Fig. 6. Minimal strain energy conformations for the iron(III) bis-chelated complexes, [FeL] ", formed with 2,5-DIHA (a) and 3,4-DIHA (b).

contacts. Thus, these calculations suggested a little lower
strain associated with the coordination for the complex
(a) what seems to give support to the higher stability
constant calculated for the 2,5-DIHA containing bis-
chelated complexes from the solution equilibrium stu-
dies.

MM minimization was likewise performed on the two
free ligands what presented similar differences between
the minimal strain energy values. This result supports
the more favored preorganization of the two chelating
functions for the bis-chelated type coordination of the
2,5-DIHA than that of 3,4-DIHA.
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