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Role of the NH,* Moiety in Iron(i)—-, Aluminium(m)- and
Gallium(im)-Aminohydroxamate Interactions
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Stability constants have been determined and the bonding modes and effects caused by the side-chain
NH,* moiety in aminohydroxamic acids evaluated for complexes formed in aqueous solution in between
iron(in), aluminium(i) and gallium(in) with «-alaninehydroxamic acid («-Alaha), p-alaninehydroxamic
acid (B-Alaha), aspartic acid-B-hydroxamic acid (Asp-B-ha) and glutamic acid-y-hydroxamic acid (Giu-
y-ha). The iron(111)—, aluminium(in)- and gallium(i)—acetohydroxamic acid (aha) systems were studied
as models. Co-ordination of hydroxamate oxygens occurs in the cases of aha, «- and -Alaha, while Asp-
B-ha and Glu-y-ha are co-ordinated via their hydroxamate and carboxylate oxygens. The OH™ ion was
found to be an effective ligand in these systems (especially for Ga") causing the formation of both
binary and ternary hydroxo complexes. The presence of NH,* in the hydroxamic acids favours the
hydrolysis to an extent which depends on the distance between the hydroxamate moiety and NH,*.
These findings can be explained by the electron-withdrawing effect of NH,* and electrostatic

repulsion between it and the co-ordinating M3* ion.

It is well known that siderophores synthesised by micro-
organisms, containing primarily either hydroxamate or
catecholate groups as chelators, are able to protect the classical
‘hard’ metal ion Fe'™ against hydrolysis.! The same behaviour
has been found with interesting synthetic analogues prepared in
different laboratories.>* The simple monohydroxamic acids
are also effective ligands of Fe™ and other high-oxidation-state
cations. However, aminohydroxamic acids, such as hydroxamic
acid derivatives of simple amino acids, exhibit significant
differences in their complex formation as compared with the
monohydroxamic acids. They are able to form chelates via the
amino and hydroxamate nitrogens; this type of chelate is
preferred by many metal ions,® except by typical hard metal
ions, which prefer chelation through the hydroxamate oxygens.
The very few papers relating to the complexes formed with hard
metal ions reveal contradictions and unsolved problems.> In
our laboratory, studies have already been performed on the
complexes in the Fe™- and Al™ «-Alaha,®t Fe'"-Asp-B-ha’
and Fe"'-Glu-y-ha systems.® The surprising result was obtained
that hydrolysis of the metal ion is much more suppressed in
the systems containing Asp-B-ha and Glu-y-ha, than in the case
of a-Alaha, where numerous mixed hydroxo species are found
even if a fairly large excess of hydroxamic acid is used.
Moreover, the complexes formed with Glu-y-ha were found to
be more stable than those of Asp-f-ha. The present work was
carried out to clarify these, at first sight, unexpected results;
detailed equilibrium and structural studies were performed on
the complexes of Fe™, AI™ and Ga™ formed with acetohy-
droxamic acid (aha) as reference, and with z-Alaha, -Alaha,
Asp-B-ha and Glu-y-ha, using pH-metric, 'H, 2’Al NMR
and spectrophotometric methods. For comparison, results
published earlier 3-8 are included as reference data.

Experimental
The compounds Asp-B-ha, Glu-y-ha and aha were obtained

T For example, z-Alaha = «-alaninehydroxamic acid (2-amino-N-
hydroxypropanamide).

from Sigma, while «-Alaha and pB-Alaha were prepared via the
methyl ester of the respective amino acid.® The purities of the
hydroxamic acids and the exact concentrations of the stock
solutions were determined by the Gran method.'?

Solutions of A" and Fe' were prepared by dissolving an
appropriate amount of the metal chloride in doubly distilled
water or in hydrochloric acid of known concentration. Their
exact concentrations were determined gravimetrically via
precipitation of the quinolin-8-olate or oxide. Gallium(ir)
solution was prepared by dissolution of the pure (99.99%;,) metal
in a known amount of HCl. The exact concentration of the
metal was established by complexometric titration with
ethylenediamine-N,N,N’,N '-tetraacetate (edta) and the amount
of acid was determined by the method of Harris and Martell.!?
pH-Metric titrations were performed at five or six different
metal ion:hydroxamic acid ratios in the range 1:1-1:10. The
concentrations of the hydroxamic acids were (1-3) x 1073 mol
dm™3. All pH-metric measurements were carried out at
25.0 £ 0.1 °C, at an ionic strength of 0.2 mol dm~* KCl, with
KOH solutions of known concentration (ca. 0.2 mol dm™?). The
ionisation constant of water under these conditions is 10713756
mol? dm®. The measurements were made with a Radiometer
PHM 84 instrument with a GK 2421 C combined electrode, and
a Radiometer PHM 64 instrument with a GK 2401 B electrode,
throughout the range pH 2.0-11.0, using 10.00 cm? samples.
The electrode system was calibrated by the method of Irving et
al.'? so that the pH-metric readings could be converted into
hydrogen-ion concentrations. Concentration stability constants
(Bper = IM,AH,]/[MIP[A]J[HY) were calculated from pH-
metric data with the aid of the PSEQUAD computer
program,'® using literature data on the metal hydroxo
complexes.'417

Visible absorption spectra were recorded on a Beckman Acta
MIV double-beam recording spectrophotometer over the range
ca. 300800 nm. The concentration of Fe™ was 5 x 10 or
1 x 1072 mol dm=, and the metal: hydroxamic acid (aha or -
Alaha) ratio was 1:20 or 1:10.

The 'H NMR measurements on the AI"™-aha system were
made on Bruker AM400 and WP 200SY FT instruments. The
aluminium(ur) concentration was 2 x 10~ mol dm™3, and the
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Table 1
Species aha® a-Alaha®
HA 9.26 9.16
H,A - 16.50
H,A — _

Fel"d

[MH_,J** ~321
[MH_,]* 673
[M,H_,]** —4.09
[MH J°* —7.58
[MH_,] —
[MH_] —

[M13H—32]7+ -
2 Ref. 8.” Ref 19. ¢ Ref. 7. “ Ref. 15. ¢ Ref. 16. / Ref. 17.

Overall stability constants (log B) for the hydroxamic acids and hydroxo metal ions at 298 K and I = 0.2 mol dm~ (KCI)

B-Alaha®  Asp-B-ha‘ Glu-y-ha“”
9.42 9.42 9.50
17.91 17.71 18.05
— 19.83 20.26
A]lll e Galllf
—5.52 —2.46
— —5.92
—-7.70
—13.57
— —10.63
—23.46 —16.87
—109.1 —

Al"':aha ratio was 1:3 or 1:5. The 2’Al NMR spectra were
recorded on a Bruker AC200 spectrometer equipped with a
selective broad-band probe and operating at 52.148 MHz. The
chemical shift reference was 0.1 mol dm™ aqueous AICl,. The
concentration of the AI™ was 0.04 mol dm™3 and the AI"™:aha
ratio was 1:3. All NMR measurements were made in D,0. The
pD values were calculated via expression (1).!8

pD = pHmeter reading + 04 (1)

Results and Discussion

Dissociation constants for all of the hydroxamic acids involved
in the present work had already been determined in our
laboratory.5® Not only the macroconstants, but also the
dissociation microconstants, are available for «- and p-Alaha.'®
The macro dissociation constants are listed in Table 1, which
also contains stability constants for metal ion-hydroxo com-
plexes.'*'7 The tabulated data reveal a strong tendency to
hydrolysis in the case of these metal ions, and especially Ga™.
For this reason different hydroxo species were included in our
speciation models. Initially they were included with fixed
stability constants, but if their concentrations were found to be
significant in a system these values were refined too {as was the
case with the gallium(ur)-hydroxo complexes and [AI(OH),] ™ }.

Metal Ion-aha Systems.—The model aha (CH;CONHOH)
contains only one hydroxamate moiety for co-ordination. Three
such ligands, each forming a five-membered chelate, saturate
an octahedral co-ordination sphere in stepwise processes. In
addition to pH-metry, various spectroscopic measurements
(UV/VIS for Fe"-aha, and 'H and 27Al NMR for Al"™-aha)
were made to establish the best equilibrium model.

The absorbance spectra were registered as a function of pH at
Fe™:aharatios of 1:10 and 1: 20. The spectra exhibit maximum
absorbance in the ranges pH 5-7.5 and 5-8, respectively, with
£nax = ca.2800dm3 mol™ ecm™ atA,, = ca. 420 nm. This €,
value suggests the co-ordination of three hydroxamates per
iron(m) ion*2° in this pH region. Above this pH range a
decrease in the absorbance is observed, indicating the formation
of complexes containing less than three hydroxamates (mixed
hydroxo complexes). Decreasing the ligand excess favours
hydrolysis. If the hydroxamic acid : metal ion ratio is 1 : 5 or less,
precipitation occurs at below or ca. pH 7.

In the calculations on Fe™-aha the experimental pH-metric
points were used taken from pH ranges where measurable
hydrolysis did not occur. The models yielding the best fitting,
together with the related constants, are given in Table 2.

Evaluation of the experimental pH-metric data on Al"-aha
demonstrated that two different speciation models yielded
acceptable fittings. One involved only the species [MA]**,

Table2 Stability constants (log B) for the complexes of Fe™, Ga™ and
AI" formed with aha at 298 K and I = 0.2 mol dm™ (KCI)

M
Species Fe'l'* Ga™" Al
[MA]** 11.42 9.51(5) 8.15(2)
[MA,]* 21.10 18.42(4) 15.77(2)
[MA,] 28.30 26.21(5) 21.5Q2)
[MA,H_ ] — — 10.40(3)
[MA,H.,]- — — 1.04(5)
* Ref. 8.

[MA,]* and [MA,], in addition to the binary hydroxo
complexes (see Table 1), while the formation of mixed hydroxo
species ((MA,H_,] and [MA,H_,]7) too was postulated in the
second model. To differentiate between the two models, 'H and
27A1 NMR measurements were carried out. The 'H NMR
measurements were performed in the same concentration range
as used in pH-metry. For comparison, the pH dependence of the
spectrum of aha (containing only one singlet resonance line)
was also measured. When the isotope effect is taken into
account,?! the pKp, calculated from the pD dependence of the
chemical shifts for aha correlates well with the value determined
by pH-metry. The AI™:aha ratios were 1:3 and 1:5. Some
representative spectra recorded at different pH values at a ratio
of 1:3 are depicted in Fig. 1.

As Fig. 1 shows, resonance lines with different chemical shifts
are to be found for the aha species throughout the whole
measured pH range. The separated signals of free aha (5 1.94
and 1.80 for HA and A~, respectively) clearly demonstrate a
‘slow exchange regime’ between the free and co-ordinated
hydroxamic acid. At lower pH values [Fig. 1(a)~(c)] more than
one signal of the complexes can be seen. It can be explained by
‘slow exchange’ on the 'H NMR time-scale not only between
the free hydroxamic acid and the complexes but also for the
ligand exchange between the different complexes. At higher pH
[Fig. 1(c)—(e)] some broadening of the signal of the complex or
complexes can be seen. This cannot be attributed to a mutual
exchange with the free aha, because it does not broaden. The
broadening observed might be related to some chemical
exchange between different complexes, but the appearance of
two signals with almost identical chemical shifts cannot be
ruled out. A detailed study of the ligand-exchange reactions is
under progress.

The above results and fittings give greater support to the
second speciation model. Representative concentration distri-
bution curves are depicted in Fig. 2. From a comparison of the
results in Figs. 1 and 2, the species [MA]?*, [MA,]" and
[MA,H_,]~ can easily be identified, but in the pH range where
the parallel existence of [MA;] and [MA,H_, ] can be assumed
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Fig. 1 The 400 MHz 'H NMR spectra recorded for Al"-aha at 1:3
ratio at different pD values: 3.46 (a), 4.43 (b), 6.37 (c), 7.66 (d), 8.47 (e),
and 10.22 (f)
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Fig. 2 Concentration distribution curves for complexes formed in the
Al"_aha system at 1:3 ratio at c,; = 2 x 1073 mol dm™

from pH-metry only one NMR peak is observed at 298 K.
However, at 273 K (where chemical exchange is even slower)
it is split into two lines (a representative example is given in
Fig. 3), indicating the existence of at least two different
aha-containing species.

Aluminium-27 NMR spectroscopy requires much higher
analytical concentrations than those sufficient for !H NMR,
and this causes significant changes in concentration distribution
(the hydrolytic reactions are appreciably hindered in the latter
case), as is seen on comparison of the distribution curves in
Figs. 2 and 4. The NMR spectra show that Al"™ can be detected
in two extremely different chemical environments in the range
pH 5-9.5. As an illustration, a 2” Al NMR spectrum is shown in
Fig. 5. The relatively sharp band at & 36.7 indicates Al™ in a
fairly symmetrical complex; this can probably be ascribed to the
octahedral tris complex [AlA;], while the very broad band (ca.
3000 Hz) with maximum at around & 56 is characteristic of
mixed hydroxo complexes having much lower symmetry.
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Fig. 3 Temperature dependence of 200 MHz 'H NMR spectra
recorded for Al''-aha at 1:3 ratio, at pD 6.4: (a) 298, () 273K
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Fig. 4 Concentration distribution curves of complexes formed in the
A" aha system at 1:3 ratio at ¢,, = 4 x 1072 mol dm™>

Formation of the tetrahedral, very symmetric species
[AI(OH),] can also be detected by the observation of a sharp
signal (ca. 5 Hz) at & 80.8 at pH > 10. These conclusions
are in good agreement with the speciation model listed in
Table 2.

All the above findings show that aha is an effective chelator of
these metal ions and suppresses their hydrolysis to an extent
determined by the metal : aha ratio, the analytical concentration
and the pH. The highest stability constants were found
for iron(m) complexes and the lowest those for AI"™. The
same stability sequence was observed earlier for other
hydroxamates.??

Metal Ion—w-Alaha [CH;CH(NH;*)CONHOH] and —B-
Alaha (NH,;*CH,CH,CONHOH) Systems.—The systems
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Fig.5 A ?7Al NMR spectrum recorded for A"-aha at 1:3 ratio at ca. pD 7.0

350

A/nm

Fig. 6 Visible spectra registered in the Fe'—B-Alaha system at 1:10
ratio, at different pH values: 1.97 (1), 2.94 (2), 4.03 (3), 5.03 (4), 6.01 (5),
6.94 (6), 8.00 (7) and 10.0 (8). cg, = 1 x 10> mol dm™

Fe™-«-Alaha and Al"-»-Alaha were studied in our laboratory
earlier.® It was found that both Fe™ and AI"™ prefer chelation at
the hydroxamate binding site and, due to the high hydrolytic
tendencies of these metal ions, mixed hydroxo complexes too
were formed in the pH range where the unco-ordinated NH, *
group of the ligand is still protonated. This leads to the
formation of protonated mixed hydroxo complexes.® With
regard to the above, only the Ga-containing system was
studied in the present work with a-Alaha. The results showed
that the formation of gallium(ir) hydroxo complexes is favoured
even in the acidic pH range. Besides the binary hydroxo species,
a stability constant could be calculated only for {GaAH]>".
On the basis of this result Ga™ was not included in our studies
on B-Alaha.

To choose the appropriate equilibrium models for the studied
systems, we again used spectrophotometry for the Fe'-B-Alaha
and 27Al NMR spectroscopy for the Al"-B-Alaha system.
Additionally, our previous work® on Al"—-Alaha was
supplemented with NMR measurements.

The pH dependence of the visible spectrum of the iron(t)
system at a metal : hydroxamic acid ratio of 1:10 can be seen in
Fig. 6. The value of ¢, calculated from the spectral data in the
range pH 5-6 at A, ca. 420 nm is ca. 2600 dm* mol™! cm™?,
suggesting the formation of complexes containing three
hydroxamate chelates in quite high percentage.?® The decrease
in absorbance above this pH might be due to the lowering of the
average number of hydroxamate groups co-ordinated by an
OH™ displacement reaction.

The equilibrium model based on the pH-metric results
yielded a good fitting and correlated acceptably with the
spectrophotometric results. These stability data are listed in
Table 3. The model relating to Al"'-B-Alaha (see Table 3) was
chosen with the aid of 27 Al NMR measurements. A comparative
study of the A"-«-Alaha and —B-Alaha systems revealed little

Table 3 Stability constants (log ) for the Fel'-, Ga™-* and A" «-
Alaha and Fe"- and AI"'-B-Alaha complexes at 298 K and I = 0.2 mol
dm™® (KCly

M

Hydroxamic

acid Species Fell! Al

a-Alaha’ [MAH]?* 17.15 14.35
[MA}?* 13.92 —
[M,A,1* — 22.21
[M,A,H_** — 17.59
[M,A,H_,]** — 12.63
[M,A,H_,]* — 5.85
[M,A,H ,] — —2.44
[MA,H])** 28.36 —
[MA,]* 21.99 16.7
[MA,H_,] 14.54 9.62
[MA,H_,]~ - —0.16
[MA,] 33.90 —

B-Alaha [MAH}?* 19.95(6) 16.72(2)
[MA}** 16.99(5) —
[MA,H,]?* 38.304) 32.07(2)
[MA,H]?* — 27.04(2)
[MA,]* — 19.87(2)
[MA,H_,] 22.11(7) 10.74(2)
[MA,H_,]” 12.12(8) 0.04(32)
[MA,H,]** 55.47(4) —
[MA,H,]** 50.24(5) —
[MA,HT* 42.75(7) —

“Only one complex, [GaAH]**, was formed in measurable
concentration with «-Alaha. The log B value is 16.4(4). ® Ref. 6.

differences in NMR behaviour between the two hydroxamic
acids. In both systems only very broad, highly overlapping bands
were observed in the range pH 3-9, with a dominating
maximum at around & 60-65, indicating octahedral AI"™ in low
symmetrical environments. In contrast with the Al"-aha
system, no sharp signal characteristic of AI" in a highly
symmetric co-ordination sphere was observed. Thus speciation
models which included tris complexes involving hydroxamate-
type co-ordination (O™, =0O) were rejected. The formation of
[AOH),]~ was detected in both systems at pH > 10.0.
Comparison of the results calculated for the metal(ur)—o-
Alaha and -B-Alaha systems both with each other and with
those obtained for metal(in)-aha reference systems led to the
following findings. The stability constants for the reaction M +
HA — MAH, characteristic of the interaction of the
metal(im) ion with the hydroxamate binding site, were derived
from the overall stability data (log Kyay = log Buau — log
Kya)- Since HA contains the amino group in protonated form
and the two deprotonation processes of the free hydroxamic
acids overlap, the corresponding microconstants had to be used
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Table4 Stability constants (log f) for the complexes of Fe™!, Ga™ and Al"™ formed with Asp-$-ha and Glu-y-ha at 2908 K and 7 = 0.2 mol dm (KCl)

Fel]l Galll Al[l]

Species Asp-f-ha“ Glu-y-ha® Asp-B-ha Glu-y-ha Asp-B-ha Glu-y-ha
pec 44

[MAH]** 18.82 18.92 18.33(4) 18.5(1) 16.27(5) 16.65(5)
[MA,H,]* 36.35 36.65 35.53(8) 35.0(2) 31.76(7) 32.79%(7)
[MA,H] 31.63 31.70 31.61(1) 30.8(1) 26.80(4) 27.62(5)
[MA,]™ 24.25 24.10 24.23(6) 24.2(3) 19.26(3) 19.89(5)
[MA,H_,1* 15.32 14.70 15.6(3) — 10.36(4) 9.9(5)
[MA,H, 1> — — — — — 1.10(15)

“Ref. 7. * Ref. 8.

in these calculations.!® The log Kyy values (7.99, 10.53, 5.19
and 7.30 for Fe™-«-Alaha, Fe™-fB-Alaha, AI"™-«-Alaha and
AI"_B-Alaha, respectively) show that the complexes formed
with f-Alaha are more stable than those formed with x-Alaha,
and both are less stable than those formed with aha (see con-
stants for [MA]?* in Table 2). This means that the presence of
the NH; * group in the side-chain decreases the stability of the
hydroxamate chelate, and the extent of the decrease depends on
the distance between the NH;* group and the hydroxamate
moiety. As to the origin of this effect, the following conclusion
can be drawn: at least two effects result from the presence of the
NH,* group. First, an electron-withdrawing effect, which
makes the hydroxamic acid group more acidic, as is known from
the acid-base properties of these ligands.*® Secondly, there is an
electrostatic repulsion between the NH,* group and the co-
ordinating M3** ion. These two superimposed effects result in
the significant difference in the equilibrium models discussed
above for the «-Alaha-and [-Alaha-containing systems.
Hydrolysis of the metal ions is more favoured in the presence of
the former hydroxamic acid.

Metal lon-Asp-p-ha [HO,CCH(NH, *)CH,CONHOH] and
~Glu-y-ha [HO,CCH(NH, *)CH,CH,CONHOH] Systems.—
Besides the chelate-forming hydroxamate moiety, these
hydroxamic acids contain an extra carboxylate group which is a
new potential site for co-ordination. Our earlier results on Fe''-
Asp-B-ha and —Glu-y-ha showed that the hydroxamate oxygens
are the main donor atoms, but that co-ordination of the
carboxylate group can also be assumed.®’ It was also found
that the non-co-ordinating amino group containing a
dissociable proton in the protonated complexes deprotonates in
a process overlapping with ionisation of the co-ordinated water
molecules. The complexes of Ga™ and AI™ with Asp-B-ha and
Glu-y-ha were studied in the present work. The speciation
models yielding the best fitting of the pH-metric experimental
data were the same as for the Fe™-containing systems.®” They
involve neither polynuclear species nor any complex with a
metal : hydroxamic acid ratio of 1:3, as can be seen in Table 4.
The results obtained for Ga™-Asp-B-ha, Ga™-Glu-y-ha, AI"-
Asp-B-ha and AI"™-Glu-y-ha are in complete agreement with
those found for Fe™-Asp-B-ha® and Fe™-Glu-y-ha.” The
tridentate co-ordination via the hydroxamate function and the
carboxylate oxygens is the preferred binding mode in both the
1:1and 1:2 complexes.

Since the appropriate dissociation microconstants are not
available, the equilibrium constants for the reaction M +
HA —= MAH, characteristic of the interaction between the
metal(uir) ion and the tridentate hydroxamic acids, cannot be
derived and hence their comparison with those for «- and B-
Alaha is not possible. A simple comparison of the data in Table
4, however, clearly indicates that the complexes of Glu-y-ha are
somewhat more stable than those of Asp-B-ha. These differences
can again be explained if the effects of the side-chain NH; *
group (electrostatic repulsion and electron-withdrawing effects)

are taken into account. These effects result in the formation of
more stable complexes with Glu-y-ha, in which the NH;*
group is situated farther away from the hydroxamate moiety,
than those with Asp-f-ha in which the two positively charged
centres are nearer each other.
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