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The dissociation constants of benzohydroxamic, 4-chlorobenzohydroxamic, and 4-nitrobenzohydroxamic
acids, and their N-methyl and O-methyl derivatives, were measured spectrophotometrically or potentio-
metrically in mixtures of 2-propanol and water. The results were extrapolated to zero ionic strength. The
ratio of dissociation constants of the O-methyl and N-methyl derivatives can be taken to represent — with
some approximation — the ratio of NII and OH aciditics of the parent acid. This ratio increases with subs-
titution by electron-attracting substitucats, and decreases with solvent permittivity: some irregularities
might be attributable to the cffects of mixed solvents. It follows that 4-nitrobenzohydroxamic acid behaves
essentially as N-acid in all solvents, 4-chlorobenzohydroxamic acid only in 90% 2-propanol or 80% methyl
cellosolve. In benzohydroxamic acid the NH and OI1 acidities are comparable, the latter prevails slightly
in water, the former in less polar solvents. Some apparent discrepancies in the literature can be explained
in the same terms, only a few results have not yet been explained.

The dissociation of hydroxamic acids (Scheme 1) has been the object of a long-
standing controversy’2. While the structure of the acid may be considered as estab-
lished¥* in favour of the carbonyl tautomer /, the structure of the anion is still under
investigation. In terms usual in organic chemistry the problem can be formulated as
follows: is the bearer of the acidic properties of hydroxamic acids the OH hydrogen
(structure of the anion IIT) or NH hydrogen (structure /V). In more exact terms of physi-
cal chemistry, the task is to determine all cquilibrium constants of the reactions
I =1I,1 = IV, Il =1V, and Il = V. The older literature and cven recent
Sassume the structure /11, often without proof, simply in the belief that a hydro-
xyl group must be more acidic than an imino group. The first experimental support for
the structure //I was claimed by Mathis® (in the crystalline state). On the other hand, the
traditional view was challenged by Plapinger” and one of the present authors® = ! who
claimed an cquilibrium mixture /// =1V or the prevailing form IV, respectively.
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1110 Exner, Hradil, Mollin:

More recent experimental and theoretical findings are collected in Table I. The follo-
wing remarks explain the apparent contradictions.

1. Strictly speaking, the three forms I/I — V are always in equilibrium, but some
experimental methods cannot detect amounts less than 5 — 10%.

2. The equilibrium dcpends both on conditions and on the substitution. Substituents
have a greater cffect on the close NH hydrogen and favour!! structure IV. No conclu-
sions can be extended from one structure to another, nor from one sct of conditions to
the next.

3. Some results were reached with unwarranted assumptions and are less dependable,
see the footnotes to Table I.

With these precautions in mind we may attempt to rationalize the results of Table I
as follows. The anion /V is the more stable form of the isolated molecule!?~ *and was
also observed in the gas phase!S. It prevails even in less polar solvents!!1216) parti-
cularly with stronger acids (4-nitrobenzohydroxamic!®!!). In the crystalline phase the
stability depends mainly on intermolecular hydrogen bonds. Structure /Il was found
most often®!7 = 1°) although some dependence on the specific substitution? or on the
counterion® is possible. The existence of //] in solution was proven in a less convincing

//0 //o KNMe //O
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In formulae I — JX : a, R = CgHs: b, R = 4-CICH,; ¢, R = 4-NO,CqH,

SCHEME 1
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TABLE |
Structure of the hydroxamic acid anions as inferred from various physical methods

Rin Solvent

RCONHOII (state) Cation Method Result® Ref.
H isol. molecule - 321G N >0 12
H isol. molecule - MP2/6-31+G** N™+0O" 14
CesHs isol. molecule - AMI1 N >0~ 13
CHs gas - FT-ICR N~ 15
CeHs dioxan Li*, Na* IR N~ 8,9
CHjs, Cells DMSO Na*, K* PK, Eox N~ 16
XCella aq. MCS NMe} PK N~ 11
CoHs aq. MCS NMe} PK N~ (07) 11
CeHs EOH Na* uv? o 27
CHs, Cells McOlH Na*, K* Eox (o 16
Colls McOH Na* 70 NMR N~ 12
XCslls aq. EO11 Na*, K* pK* 0" 23
XCeHa aq. BiOl11 Na*, K* K, rates ? 25,26
Colls aq. Eiol Na* uv N~ 8
XCells aq. McOll Na* uv N~ 10
CH3Cell4 aq. McOHl Na* uv N™? 10
CeHs 10 Na* pK, rates® O™+ N~ 21
XColly 120 Na*, K* pK, All, AS* o} 22,23
CHs H>0 Na*, K* pK, All, AS* 0" 22,23
2-XColls 120 Na' pK* 0 >N 2
CHs 10 ? pk<! 0" 24
XCells H20 Na* Uve O +N” 7
HONHCO-  solid NIL} X-ray (o} 17
Colls solid K* IR o 6
Cells solid Li* IR N~ 9
XColly solid Li*, Na', K* IR o- 18
HONHCO-  solid Na* IR (o 19
4NO2C6H,4 solid Na* ESCA N~ 20
CeHs solid K* ESCA 07 20

? The results are given in a simplified form as prevalence of the O™-anion (//1) or N -anion (IV); some
doubts indicated here originate in the primary references, our additional criticism is offered in the follow-
ing notes. ® The reasons for this decision are not clear, no model compounds were investigated. © Based
essentially on comparison with N-alkyl and O-alkyl derivatives, the cffect of the alkyl group being
neglected. “ Based on a statistically incorrect (sce ref.%) plot of A/l vs AS: the pK’s were determined at
very high ionic strength. € Based on the small steric effect of some ortho substituents. / The O-derivative
was not available, some values were not confirmed later?2, & Two absorption bands need not belong to two
species. H The problem is in the assignment of O-I1 and N-I stretching frequencies.
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way. One can obscrve it most likely (at least in an equilibrium /Il = IV) with
unsubstituted hydroxamic acids in water??! = 2% or in mixed aqueous solvents?*2526,
maybe even in purc alcohols!%?7. However, some of these results are to be doubted, sce
footnotes to Table I.

An important proof was always comparison with N-methylhydroxamic acids VI and
O-methylhydroxamic acids VII as modcl compounds, since these yicld anions of
unambiguous structure, VIII and IX, respectively. (The tautomeric structure of VII itself
is known'!.) However, the inductive and steric effects of the methyl groups were mostly
neglected. At once point we attempted to account for these effects by investigating seve-
ral substitucnts in place of the methyl group and interpolating to hydrogen!l, but this
was accomplished only in one solvent system. Another approach is to make measure-
ments in various solvent mixtures, with the intention of separating the solvent effect on
the NH and OH acidities from the inductive effect of the substituent which is less
dependent on the solvent. In this paper we report the dissociation constants of three
hydroxamic acids, la — Ic, their N-methyl derivatives, VIa — Vic, and their O-methyl
derivatives, Vila — VIllc. In mixtures of 2-propanol with water, good solubility is assu-
red and the relative permittivity?® may be varied from 20 to 78. On the other hand,
some irregularitics must be anticipated, as described recently in mixed solvents®0, We
further attempted to separate the solvent effects on the anjons from those on the neutral
acid molecules on the basis of measured solubilities®: this was possible only in the
case of nitro dcrivatives.

EXPERIMENTAL AND RESULTS

according to the literature32.

The compounds la — Ic, Vla - Vic, Vila, and Vilc were characierized previously!!, VIIb was prepared
Dissociation constants were measured in mixtures of water and 2-propanol. Both distilled water and
2-propanol (p.a., Lachema) were still wice redistilled, their mixtures were prepared by weighing.
In 20%, 50% and 70% (w/w) 2-propanol and in water, the dissociation constants were measured
spectrophotometrically with a Pye~Unicam SP8-100 instrument at (25 = 1) °C. The wavelengths used are

given in Table II. The apparent values, pK ', were calculated using the equation
pK’' = pH - log[(As - A)(A - Av)], 1)

where A,, Ay and A are absorbances of the acid, anion and their mixture, respectively. Relatively high
sensitivity to ionic strength was reported with several hydroxamic acids®>34, For this reason our measure-
ments were carried out at ionic strengths between 2. 1072 and S . 1072 mol dm™3 and extrapolated to zero
ionic strength according to the equation

pK = pK' + VI/(1+V]). %))

The ionic strength was controlled by the addition of NaCl (p.a., Lachema) or — in 70% 2-propanol solu-
tions — (CH;)4NCI (p.a., Fluka). Further experimental details have been given in a previous paper®>. The
pK values are given in Table II.
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Dissociation of Hydroxamic Acids 1113

In 90% (w/w) 2-propanol the dissociation constants were measured potentiometrically with a pH-meter
Radelkis OP-205, a glass clectrode, and an Ag/AgCl clectrode filled with LiCl solution in the same solvent
system. The electrodes were immersed in the solvent for 20 h, and were calibrated with a set of buffer
solutions. For further details sce ref.%6, The results, extrapolated to zero ionic strength according to Eq. (2),
are given in Table I, last column.

The solubilities of compounds Ja — Ic and of 4-nitrobenzoic acid were determined at 25 °C in water and
in 20% and 50% 2-propanol. The tempcrature was maintained with an accuracy 0.1 °C for three weeks,
then the solutions were filtered, and the concentration determined, both spectrophotometrically and pola-
rographically. Mecan values from the two methods are given in Table 111

DISCUSSION

N-Acidity versus O-Acidity

An inspection of Table I reveals that the existence of the anion V has not yet been
detected in any state. Considering also claims"*# that the hydroximic acid /7 practically
does not exist, the whole scheme can be restricted to the equilibrium of 7, I11, and IV.
The task is to determine, in cach individual case, to what extent a hydroxamic acid
behaves as an N-acid and to what extent as an O-acid. The answer can be given in

TaBLE 11
The pK values of hydroxamic acids in aqucous 2-propanol at 25 °C

pK in aquecous 2-propanol, % (w/w)

Acid Wavelength
nm

0 20 50 70 90
la 280 8.81° 8.98 9.90 10.61 11.37
Via 300 8.58¢ 8.64 9.87 11.21 12.34
Vila 265 8.7 9.28 10.38 10.99 12.09
Ib 285 8.49¢ 8.55 9.54 10.24 10.74
Vib 300 8.14 9.05 9.84 10.90 12.14
Viib 277 8.49 9.26 9.65 10.90 11.30
Ic 360 7.87 7.90 8.51 8.99 9.92
Vic 230 7.84% 8.29 9.46 10.27 11.33
Viic 370 7.34 7.67 8.54 9.59 10.46
4-Nitrobenzoic - 3.43" 4.14 5.00 5.48 6.03

? Determined potentiometrically. ® In reasonable agreement with most of the literature data?!373839; g g0,

8.75, 8.79 and 8.91, respectively (I' = 0.1); further measurements were carried out at high ionic

slrenglhszz‘w‘“: 8.42, 8.88, 8.805, respectively, or at 30 °C: 8.43, ref.2%. “ The literature! gives 8.59 at ] =

0.1, or 7.90 and 8.28 at high ionic slrcnglhn"‘z. 4Ihe literature! 2! gives 8.89 and 8.88, respectively.  The

literature>® gives 8.70, further 8.58 and 8.62, respectively, at a high ionic slrenglhw'“. / The lite-

11,3943 gives 8.02, 8.12, and 8.01, respectively, in addition 8.35 at a high ionic slrcnglh“. £ The lite-
42 . h oy - 44

rature”~ gives 7.94. © From ref.™.
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terms of the tautomeric equilibrium constant K that gives the relative population of the
anions /1] and IV

Ky = Kni/Kon - €))
The relation to the experimental dissociation constant reads

Kep = Knun + Koy - <)

Equations (3) and (4) are valid for cach of the structures a, b, ¢ and for each of the
five solvent systems. Their approximate solution is possible by referring to the dissoc-
iation constants Kyy. and Kgy. of the methyl derivatives instead of to the unknown
values Kqg;;and Ky Several methods of approximation are possible.

The first type of approximation, common in the litcrature?! = 24, neglects completely
any substituent cffect of the methyl group, by assuming Koy = Knye and Ky = Kope-
Equations (5) and (6) then follow from Eqs (3) and (4).

TasLe Il
Solubilities and Gibbs energics of transition of 4-nitrobenzohydroxamic acid and derivatives (25 °C)

Acid 2-Propanol  cg,. 100 AGQ (diss)® - AGQ (HA) AG2(ATY
Y% (W/w) mol dm™> kJ mol™! kJ mol™ kJ mol™
Ic 0 11.5 0 0 0 (V]
20 19.8 0.2 13 6.6 (5.9)
50 86.4 3.6 5.0 20.4 (22.0)
Vic 0 1.35 0 0 0 (0)
20 2.78 2.6 18 8.4 (5.9)
50 38.9 9.2 8.3 226 (22.0)
Vilc 0 5.21 0 0 0 (0)
20 119 1.9 2.1 7.4 4.9)
50 41.9 6.8 52 23.4 (18.1)
4-Nitro- 0 2.05 0 0 0 (0)
benzoic 20 4.38 4.0 1.9 9.8 (72)
50 375 9.0 72 23.5 (26.9)
VIe-Viic 20 - 0.7 -03 1.0 (1.0)
50 - 2.4 32 -0.8 (3.9)

% Calculated from the dissociation constants, cstimated accuracy =0.2. b Calculated from the solubilities,
estimated accuracy =0.3. < Calculated from the two preceding columns by means of Eq. (13), estimated
accuracy +0.4; in parentheses — calculated by the electrostatic theory, Eq. (14).
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Ky = Kome/Knme (5)

Kop = Kome + Knme 6)

exp

Using this approximate approach Ky can be determined from Eq. (5) while Eq. (6)
serves as a test of accuracy. In our case the accuracy was very low, the deviations
having been systematic: in 70% and 90% 2-propanol the alkyl derivatives are weaker
acids, and in the remaining solvents stronger acids, than required by Eq. (6). The diffe-
rences are as great as 0.5 pK units. The former case can be explained in terms of steric
and/or elcctron-releasing effects of the methyl group, the latter is less clearly under-
standable. In any event, the method is insufficiently accurate.

In the second approximation!' we may assumc that the substituent effect of the
methyl group is given (in terms of any “lincar free energy relationship”) as the product
po, where the substituent constant o need not be specified (steric, inductive etc.).

In the two cquations

logKnme = log Koy + po o @

log Kome log Knpp + PN O ®

the substituent constant ¢ is the same and the two reaction constants p need not be very
different in a given solvent since the distances from methyl to the ionizable proton are
equal. Assuming p, = py We obtain instead of Eq. (4)

Kuxp = (KNMc + KOM:)‘ 1079, (9)

Equation (5) remains without change as in the first approximation. Equation (9) can be
tested for every solvent system whether po is constant, or not. The values shown in
Table IV (last linc) show that the accuracy is not so bad, considering both the expe-
rimental error and discontinuities described generally in mixed solvents®®. Only in 20%
2-propanol the agrecement is bad: the results in this solvent system should be disre-
garded or at least viewed as less dependable. (The described anomalies™ were greatest
in 25% tert-butanol: there was a jump in the dependence on solvent composition.) We
considercd the result of this test to be satisfactory justification for using this method,
and we calculated K according to Eq. (5).

The results collected in Table 1V are very crude due to the afore mentioned sources
of inaccuracy, both experimental and theoretical. Nevertheless, their general trend is
evident. Strong hydroxamic acids in less polar solvents behave exclusively as N-acids,
the O-acidity makes itsell felt with weaker acids and in polar solvents, particularly in
water. It follows that Ic can be considered essentially an N-acid in all solvents'®!! and

Collect. Czech. Chem. Commun. (Vol. 58) (1993)



1116 Exner, Hradil, Mollin:

Ia may behave predominantly as an O-acid or as an N-acid depending on the solvent!S,
but the literature?! was not very far off in stating that in water the ratio of the two
anions is approximately 1: 1. Table IV includes scveral items of data concerning addi-
tional acids and solvents, some of which have alrcady been discussed in the lite-
rature! 1151625 A recent discussion of these data did not account for the dependence on
structure and solvent (sce Table IV, footnote /i) and thus unjustly rejected the whole
approach?. In our opinion the data of Table IV might be inexact, loaded with several
approximations, and in some points questionable (for instance for acetohydroxamic
derivatives in water®). Nevertheless, there is unquestionably a general trend. Note
further that the solvent dependence is probably not well described in terms of the rela-
tive permittivity. Perhaps the constant £ would work somewhat better but the values
are not known for all solvent systems.

In the approach described above, it was assumed that po = pn. This constraint might
cause a systematic error in the data of Table IV when Koy /Knye is interpreted as
Kni/Koy- Without this constraint, one gets instead of Egs (5) and (9) the following
expressions

7
I\NMC

Ky L 10(Po= PR (10)

7
l\()Mc

TaBLE [V
Tautomeric cquilibrium constants (log Ky) for the deprotonation of hydroxamic acids”

80% 12%
Solvent Gas" DMSO®  (w/w) 90¢ 70°¢ 50° 20° (v/v) H,0%
Mcs¢ MeOH

& 1 46.5 33 206 288 426 642 731 78.3

Ic - - 12" 09 0.7 0.9 (0.5) 0.3" 0.5

Ib - - - 08 0 02  (-02) - -0.3

Ia - - ~02 03 02 =05 (-0.6) - -02

CH3CONHOIl 2.5 25 - - - - - - -1

4-CH30Cells. - - - - - - - -0.6" -

. CONHOH

po’ - - - -05  -04 0.1 ? - 0.5
+0.02 +0.1 +0.05 +0.1

¢ Estimated approximately according to Lq. (5), sce Discussion. b Ref.!%, € Ref.'6, ¢ Aqucous 2-methoxy-
ethanol, ref.!!. Weight pereent of aqueous 2-propanol, this work. / Aqucous methanol, ref.%6. & This work,
except acetohydroxamic acid. b “Ihese three values were considercd® to show the unreliability of the
method.  Calculated from the values for N-methylacetohydroxamic acid and O-methylacetohydroxamic
acid®, the latter is very different from the value for Vila and does not seem quite reliable. / Calculated
according to Eq. (9) separately for the compounds fa - Ic, the variance is a measure of model fitting.
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Dissociation of Hydroxamic Acids 1117

K

exp

= [Knme + Kope - 10(Po= 0] 107 Po® (an

The two paramcters in Eq. (17) could in principle be fitted to experimental K,,: sub-
sequently the parameter (pgy — py) could be introduced into Eq. (10). However, the
noisc in our data was too great and reasonable estimates of the parameters were not
obtainable, cither with (py — py) constant in the whole series or different in each
solvent system. In our opinion we must be satisfied with the method denoted as the
second approximation which results in Eqs (5) and (9).

More Deatiled Analysis of Solvent Effects

We have also attempted to proceed one step further by dividing the relative Gibbs
energy of ionization (i.c. the solvent effects on pK) into the effects in the anion and in
the undissociated acid. This would be of importance in testing the suitability of our
methyl derivatives VI and VII as model compounds. Addition of 2-propanol to water
increases the relative stability of the anion /V versus I11. Compounds VI and VII would
be better model compounds if their solvent effects were mainly due to the anions VIII
and IX since the energy of the ncutral species VIand VII has less relevance to the
processes I == 1[Il or I == 1V. We used the experimental approach based on the
determination of solubility*"4, Unfortunately, this was possible only in the case of
slightly soluble nitro derivatives Ic, Vie, and Viic; for comparison we also measured
4-nitrobenzoic acid. The reason is that only at a low solubility can the activity cocf-
ficients be taken as equal to unity. However, nitro derivatives are not the best object of
study since the change of equilibrium with solvent is relatively small. From the solubil-
itics in a given solvent and in water, ¢, and ¢, respectively, we get the Gibbs energy of
transition of the ncutral molecule HA

AG? (HA) = RT ln(cy /c,). (12)
The transition encrgy of the anion follows from the thermodynamic cycle
AG? (diss) = AG?(H') + AGY(A) - AG? (HA), (13

where AG? of the dissociation is defined from the ratio of dissociation constants in the
two solvents. In Table III are listed the experimental values of AG? (diss), AG? (HA),

and the values of AG? (A7) calculated from them. The latter are also compared with the

theoretical values calculated according to the Born equation®’

0 /A Np&*2?
AGlr (A )clsl = 2re (l/t> + l/kw) ’ (14)
0
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where the relative permittivitics €, and €, are experimental values?®. Comparison with
theoretical valves (Table II1, the last two columns) gives a rcasonable agrcement, parti-
cularly with respect to the uncertainty in the estimated ionic radius r. It follows that
AGQ (A7) is mainly due to the clectrostatic contribution. Its values are positive and
relative great, hence the dissociation must be suppressed by 2-propanol. Remarkably,
the values of AG? (A") are very similar for different compounds. The comparison of
N-mecthyl and O-methyl derivatives is carried out at the bottom of Table III. The diffe-
rence values are not very significant in 20% 2-propanol, given that the experimental
uncertainty is especially great in this solvent. In 50% 2-propanol AG? (HA) is more
important than AG,? (A-). Therefore, we cannot justify the methyl derivatives as reliable
modecl compounds for the jonization of the parent acid: there is no apparent reason why
the energy changes in the neutral molecules Vie and Viic should be paralleled in the
anions /llc and IVc. More important would be the results on unsubstituted compounds
Ia, VIa, and VIla, which, however, cannot be investigated by the same method. We note
that this recasoning concerns only the relative values with reference to water, i.e. the
solvent effect. The significance of methyl derivatives as model compounds in general is
not totally invalidated.

Hammett Correlations

Our data sct, Table II, may be viewed as a three-dimensional matrix of which two
dimensions have thus far been treated: dependence on methyl substitution and depend-
ence on solvent. There remains the third dimension, dependence on ring substitution,
which will be discussed now in terms of the Hammett equation. The Hammett correl-
ations have been quite important in previous papers!'h233%4L48 1y paricular, the value
of the reaction constant (p = 1 in water) was considered evidence for the dissociation
on nitrogen'"* (ionization on the second atom from the benzene ring as in benzoic
acids). This rcasoning was supported by the p constant of O-benzylbenzohydroxamic
acids!!, which was of similar magnitudce as the value for benzohydroxamic acids in the
same solvent, while p for N-mecthylbenzohydroxamic acids was approximately one-half
the magnitude. We feel that our data, restricted to three compounds, can hardly add
relevant information in this respect. Nevertheless, we have collected available data on
Hammett reaction constants, which arc given in Table V. Neglecting the inherent
inaccuracy and some unexplained irregularitics (sce the footnotes to Table V), it is
evident that the p constant for N-alkyl derivatives is approximately one-half of the
value for O-dcrivatives in the same solvent. The unsubstituted hydroxamic acids show
the p constant more or less similar to those of the O-derivatives; this is compatible with
their dissociation as N-acids'!, We have already mentioned!! that conclusions based on
the Hammett plot are not necessarily valid for all the compounds included. When a
tautomeric equilibrium is involved, the two acidic hydrogen atoms are unevenly
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Dissociation of Hydroxamic Acids 1119

influenced by substitution and the Hummett plot should be curved*®. The dependence of
the equilibrium constant on the Hammelt constants is expressed by the equation®’

logK = log(10°,° K9 + 10P0°K3), (15)

where py and K belong to the dissociation on nitrogen, and pg and KJ to the disso-
ciation on oxygen. In fact, it would not be possible to obtain the four parameters of Eq.
(15) by any nonlincar regression using the experimental data sets available in the lite-
rature. However, information resulting from the foregoing analysis enables us to fit the
remaining parameters at least in some cases. Much data in the literature37.40.41,48
disagree with cach other, particularly due to the usc of different ionic strengths. We

TABLEV

Reaction constants of the Hammett equation for the dissociation of hydroxamic acids, their N-alkyl and
O-alkyl derivatives

Solvent llydro.xnmic N-mcl!lylh).'dro- O-mel.hylh)./dro- Ref.
acids xamic acids xamic acids
H20 (30 °C,7 =0.1) 0.98 - - 48
H20 (20 °C, 1 =1.0) 0.58 - - 41
H0 (25°C,1 =0) 1.00 - 39
H20 (25°C,1 =0) ~11 ~09 ~1.8 ‘
Ethanol, 12% (v/v) 0.96" 0.65 1.45 26
Methoxyethanol, 80% (w/w) 1.70 095 1.81° 11
2-Propanol, 50% (w/w) 1.7 ~05 ~2.1 °
2-Propanol, 70 or 90% (w/w) ~19 1.2 ~1.9 ¢
“ Hammett plot yields two straight lines with equal slopes. b O-benzyl derivatives. © This work.
e -
1
pK
Fig. 1 (¢) 2
Correlation of the dissociation of substituted benzo-
hydroxamic acids with the modificd Hammett equa-
tion. The curve calculated according to Eq. (15), the °r
asymptotes correspond to the contributions of the
NH acidity (7) and OH acidity (2), respectively; O 1
experimental points ref. %, @ refs®™! 0 1
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1120 Exner, Hradil, Mollin:

have chosen the longest available serics of pK in water®® and correlated it with Eq. (15).
The p values were estimated from the data of Table V as follows: py = 1.3 (somewhat
more than for unsubstituted acids), py = 0.6 (Iess than one-half of the latter). We got
log K = -9.22 and log K§ = -9.02; the fit is shown in Fig. 1. The two asymptotes of
the curve correspond to the NH acidity and the OH acidity, respectively. The former is
the controlling factor at higher o values, the latter at lower values. At approximately o =
0.25, the two protons arc of equal acidity, the distance from the point of intersection of
the asymptotes to the curve cquals log 2. The fit is quite good, so the assumptions are
probably realistic. Essentially the same result was obtained with another data set®, but
the pK values are mainly shifted by about 0.1 pK units. However, without knowing the
detailed mechanism, one would draw a simple straight line in Fig. 1 with good accu-
racy. It is probable that several Hammett plots published in the literature should be
replaced by such curves, but this is mostly impossible without additional information.
The purpose of Fig. 1 and of the accompanying analysis was just to show that the effect
of ring substitution agrees with the results reached in previous sections.

CONCLUSIONS

The results of this study are in general accordance with most of the data in Table I,
though they are expressed more quantitatively. Hydroxamic acids usually behave as
N-acids. The tautomeric cquilibrium constant Ky ranges from almost 10* (aceto-
hydroxamic acids in the gas phasce'® or in dimcethyl sulfoxide'®) to approximately 0.5
(benzohydroxamic acid in water). In solution, K depends strongly on the solvent polar-
ity. There are few claims in the literature which appear to disagree with this general-
ization. The most important discrepancy scems to be between the results of O NMR
spectroscopy '? and those of cyclic voltammetry!'®in the case of benzohydroxamic acid
in methanol (Table I). In our opinion both anions should be present with the N-anion
prevailing. The two methods seem to be ineffective in detecting minor components; this
also applics to UV spectroscopy® 102
have been insufficiently investigated, we believe that the long-standing controversy has
been essentially solved. Hydroxamic acid anions represent further example where the
tautomeric cquilibrium depends on the solvent very strongly.

7, Disregarding these exceptions, most of which
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