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ABSTRACT: The acid dissociation constants (pKa) of
7-hydroxyflavone, 3-hydroxyflavone and 5-hydroxyflavone, which
are practically insoluble compounds in water but of great
biological and physicochemical interest, were determined by
UV−visible spectroscopy in ethanol−water and acetonitrile−
water solutions, varying the solvent relative permittivity in the
interval of 61 to 75, at constant ionic strength (0.050
mol·kg−1) and temperature (298.15 K). The pKa values of the
compounds increase as the permittivity of the reaction
medium decreases. Correlations were established between
the pKa values and empirical parameters of the solvents, such as the relative permittivity and hydrogen-bond donor capacity.
These equations allow the interpretation of the solvent effect on the acid−base equilibria and the determination of pKa values at
298.15 K in pure water. The ordering of the pKa values was 7-hydroxyflavone (7.28) < 3-hydroxyflavone (8.68) < 5-
hydroxyflavone (11.75). In addition, the dissociation constants were also calculated by means of DFT methods (B3LYP/6-
311+G(2d,p) level of theory), employing several thermodynamic cycles. The solvent effect on the optimized structures in the
gas-phase was evaluated using the polarizable continuum model. A good agreement was observed between the theoretical and
experimental pKa values. Finally, the experimental ordering in the acidity of the hydroxyflavones was explained using natural bond
orbital analysis.

1. INTRODUCTION

The acidity constant, pKa, of a compound is an important pro-
perty in analytical and biological chemistry. The pKa, solubility,
and lipophilicity are key factors determining the absorption and
bioavailability of the molecule. A wide range of methodologies
can be applied for the pKa determination of organic compounds,
such as capillary electrophoresis,1,2 solubility measurements,3,4

potentiometry,5,6 and UV−vis absorption spectroscopy.7−9

The selection of a suitable analytical method can be done
taking into account the properties of the studied compounds. In
the particular case of practically insoluble molecules in water,
the determination of pKa in aqueous−organic mixtures using
UV−vis spectroscopy represents a convenient methodology of
work. The cosolvents most frequently employed for this aim
are methanol,10,11 ethanol,9,11 dimethylsulfoxide,5 N,N-dime-
thylformamide,9 and acetonitrile.8 Among the very low aqueous
solubility compounds, the flavonoids are highly significant
due to their interesting physicochemical and biological
properties.12−14 Because of the mentioned low aqueous
solubility, the determination of their pKa values in pure water
is not always possible. Only a limited number of studies related
with pKa values of flavonoids are found in the literature.2,5,15−22

The values reported for these compounds do not always agree,
because of the low solubility, stability, or the methodology used
for its determination. For instance, M. Herrero-Martińez et al.
have determined the acidity constants of morin, fisetin, and

quercetin in methanol−water by potentiometry. The values
reported for quercetin are pK1 = 7.59, pK2 = 9.33 and pK3 =
11.56.21 While, S. Ramesǒva ́ et al. have determined for
quercetin the values of pK1 = 5.87 and pK2 = 8.48 by means
of alkalimetric titration and UV−vis spectrophotometry under
deaerated conditions.22

In this paper we analyze the solvent effect on the dissociation
constants of three monohydroxyflavones, as part of a research
project focused on the study of relevant physicochemical pro-
perties of flavonoids and benzophenones.12,19,20,23−25 The pKa
values of 7-hydroxyflavone (7(OH)Fl), 3-hydroxyflavone
(3(OH)Fl), and 5-hydroxyflavone (5(OH)Fl) were determined
in ethanol−water (EtOH-W) and acetonitrile−water (ACN-W)
solutions by UV−vis spectroscopy, varying the solvent per-
mittivity between 61 and 75, at 298.15 K and constant ionic
strength. Despite the importance of these compounds, the
determination of the dissociation constant in ACN-W mixtures
has not been reported yet. The solvent effect on the acidity
constants was analyzed by means of linear relationships
between these values and solvation parameters of the medium.
These equations were used to calculate the pKa values of the
flavones in pure water. In addition, the dissociation constants of
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the studied flavones were also calculated by means of DFT
methods, employing several thermodynamic cycles reported in
the literature26,27 and an alternative method proposed by us.
Finally, the experimental ordering in the acidity of the flavones
is explained using natural bond orbital (NBO) analysis.

2. EXPERIMENTAL SECTION

2.1. Reagents. Information about the studied hydroxy-
flavones is shown in Table 1, and the structure and chemical
numbering system of these compounds are depicted in Figure 1.

3(OH)Fl was obtained in our laboratory following the Algar−
Flynn−Oyamada synthesis reaction,28 and then, it was purified
according to a previously reported procedure.25 5(OH)Fl and
7(OH)Fl were purchased from Sigma. The purity control of the
compounds was chromatographically determined (HPLC). Ethanol
(EtOH) (spectroscopic grade), acetonitrile (ACN) (HPLC grade),
and all the reagents (analytical grade) employed in the preparation
of the buffer solutions were purchased from Merck. Double-distilled
water purified with a Super Q Millipore System was used to
prepare the solvent mixtures.
The solutions employed in the present study were (a) HCl-

KCl, pH 2.0; (b) NaOH-KCl, pH 13.0; (c) NaH2PO4−Na2HPO4
(1.0·10−2 mol·kg−1), from pH 6.20 to 8.00, with a variation of
0.20 ± 0.01 pH units; (d) H3BO3−NaOH (3.5·10−2 mol·kg−1),
from pH 8.00 to 9.20 and Na2HPO4−NaOH (5.0·10−3 mol·kg−1),
from pH 10.5 to 12.0.
The ionic strength (0.050 mol·kg−1) of the buffer solutions

was fixed by adding KCl, and the corrected pKa values for this
ionic strength were considered in the calculations for the pre-
paration of the solutions.29 Several EtOH-W and ACN-W mixtures
(from w = 0.10 to w = 0.30, where w is the organic solvent fraction
(w/w)) were employed as solvents. The relative permittivity (D)
range of these solvent mixtures at 298.15 K goes from 74.8 to 60.7.
2.2. Procedure. 2.2.1. EtOH-W Mixtures. “A stock solution

of 7(OH)Fl 9.38·10−3 mol·kg−1 was prepared in EtOH.
Standard solutions were prepared adding appropriate amounts
of stock solution to 5.00 ± 0.02 g of phosphate buffers (pH
between 6.20 and 8.00) in EtOH-W (wEtOH = 0.0946 and
D = 73.22). The same procedure was followed at pH 2.0 and
13.0. The analytic concentration of these standard solutions was

3.79·10−5 mol·kg−1. Series of similar solutions were prepared
using phosphate buffers at the same pH interval, with the fol-
lowing fractions of EtOH (wEtOH = 0.138, 0.179, 0.216, 0.281)
and the corresponding permittivities values (D = 70.67, 68.26,
66.08, 62.25).30 All these series of solutions were placed in UV
cells, hermetically closed, and thermostatized at 298.15 K for
15 min. After this, the UV-vis spectra were recorded on a Cary
50 UV-visible spectrophotometer, between 200 and 450 nm.
The corresponding absorbance values were determined at wave-
lengths of maximum absorption.”31

2.2.2. ACN-W Mixtures. A similar procedure as that described
above was followed for these mixtures. Now, the stock solution of
7(OH)Fl was prepared in ACN and the buffer solutions of pH
6.20 to 8.0, pH 2, and pH 13 were prepared in ACN-W
mixtures (wACN = 0.118, 0.136, 0.175, 0.214 and 0.280). The
relative permittivity values of these solutions were 74.12, 73.39,
71.67, 69.85 and 66.61,32 respectively. The analytic con-
centration of 7(OH)Fl in these standard solutions was
3.29·10−5 mol·kg−1.
For 3(OH)Fl and 5(OH)Fl, the procedure described for

7(OH)Fl in EtOH-W and ACN-W was followed. To analyze
these compounds, the buffer solutions H3BO3−NaOH (pH
8.00 to 9.20) for 3(OH)Fl and Na2HPO4−NaOH (pH 10.5 to
12.0) for 5(OH)Fl were employed. The spectra were recorded
in the 200 to 500 nm interval.
It is well-known that the pH of aqueous buffer solutions

slightly changes when a small amount of organic solvent is added.
For this reason, the methodology and notation employed by Roseś
et al.33 and adopted by us in previous studies23 was followed. The
pH measurements (Orion SA 520 pH-meter) were performed
directly on the mixed aqueous−organic buffers, using the electrode
previously calibrated with aqueous standard buffers. “Such pH
values are denoted as (W

S pH) and the respective pKa values
obtained from data expressed in the W

S pH scale are also ex-
pressed in the same scale (W

S pKa)”.
23

3. COMPUTATIONAL DETAILS

The initial geometries of the molecules were fully optimized
with the hybrid DFT functional B3LYP34,35 at the 6-311+G(2d,p)
level. The corresponding vibrational frequencies of all the chemical
species were calculated in order to obtain the thermodynamic
parameters and to make sure that the optimized structures were
true minima. Then, the Gibbs energy in the gas phase (G298

0 ) was
calculated for all the analyzed structures using the following
equation:

= + + −G E H TSZPVE298
0

corr 298
0

(1)

where E is the gas phase total energy, ZPVE is the zero-point
vibrational energy, Hcorr is the thermal correction to enthalpy, T is
the temperature, and S298

0 is the entropy. The solvent effect on the
optimized structures in the gas-phase was analyzed by performing
a geometry optimization using the polarizable continuum model

Table 1. Description of the Hydroxyflavones Employed

abbreviated
name IUPAC name source

inicial mass fraction
purity

purification
method

final mass fraction
purity

analysis
method

7(OH)Fl 7-hydroxy-2-phenyl-4H-chromen-4-one Sigma ≥ 0.98 recrystallization 0.995 HPLCa

5(OH)Fl 5-hydroxy-2-phenyl-4H-chromen-4-one Sigma ≥ 0.97 recrystallization 0.99 HPLCa

3(OH)Fl 3-hydroxy-2-phenyl-4H-chromen-4-one synthesis recrystallization 0.998 HPLCa

aAnalyzed using a HPLC Gilson 322 series pump and a Gilson 152 UV−vis detector, equipped with a Luna (C18 (2), 250 mm·4.6 mm, 5 μm)
column.

Figure 1. Molecular structure and numbering system of the studied
flavones.
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with the integral equation formalism (IEF-PCM).36 The UAHF
radii sets were employed to build the solvent cavity. The solvation
Gibbs energies (ΔsolvG) and Gibbs energies in solution (Gs) were
calculated for each structure using the expressions:

Δ = −G E Esolv PCM (2)

= + ΔG G GS 298
0

solv (3)

In addition, a natural bond orbital37 (NBO) analysis was carried
out on the flavones using the B3LYP/6-311+G(2d,p) level of
theory. The second order perturbation theory was employed to
estimate the energy of donor−acceptor interactions. The
stabilization energy associated with the delocalization of orbital
(i)→orbital (j) was calculated as follows:

ε ε
Δ =

−
E

q F

( )ij
i ij

j i (4)

where qi is the donor orbital occupancy, εi and εj are the
energies of interacting orbitals, and Fij is the off-diagonal NBO
Fock matrix element. All the calculations were performed with
Gaussian 03 program packages.38

4. RESULTS AND DISCUSSION
4.1. Determination of pKa. The determination of

ionization constants by UV−vis spectroscopy is an appropriate
method when a substance is sparingly soluble in water or when
its pKa value is particularly low or high.39 The UV-absorption
spectra of the analyzed hydroxyflavones show mainly two bands
(Figures 2 to 4). The absorption bands corresponding to the
nonionized flavones (shorter wavelengths) are located at a
312.0 nm (7(OH)Fl), 344.0 nm (3(OH)Fl), and 336.0 nm
(5(OH)Fl), while the bands of the ionized species (longer
wavelengths) are observed at 362.5 nm (7(OH)Fl), 407.0 nm
(3(OH)Fl), and 382.0 nm (5(OH)Fl). In Figures 2 to 4 the
spectral changes of these compounds with the pH of the
medium can be observed. The pKa of the compounds were

determined at both wavelengths of maximum absorption and
the numerical values were practically coincident.
The analyzed dissociation reaction can be schematically

represented with the simple equation,

+ ⇋ +− +AH HS A H S2 (5)

where AH is 7(OH)Fl, 3(OH)Fl, or 5(OH)Fl, A− is the cor-
responding anion, HS is the solvent, and H2S

+ is the protonated
solvent. Taking into account that low percentages of organic
solvent were employed in the mixtures and the high solvation
ability of ions by water, the simplification of replacing HS and
H2S

+ by H2O and H3O
+, respectively, can be made in eq 5.

Then, from the equilibrium constant of this reaction (eq 5) the
known Henderson−Hasselbach equation can be obtained. This
equation is very useful in the determination of pKa
values31,40−42 and it can be formulated in the following way

= +
−
−

K
A A
A A

pH p log
( )
( )

S
W

S
W a

a

b (6)

where Aa and Ab are the absorbance of the neutral (AH) and
the ionized (A−) form measured in HCl and NaOH solutions,
respectively, A is the absorbance due to the presence of both A−

and AH in the buffer solutions, and W
S pKa is the apparent acidity

constant.
4.2. Data Analysis. The data collected from a typical

experiment in the determination of the W
S pKa value are

presented in Table 2 for 7(OH)Fl at 362.5 and 312.0 nm in
ACN-W (wACN = 0.136). Figure 5 shows a graphical
representation of eq 6 for the three analyzed compounds in
ACN-W. The slope and intercept values of eq 6 were calculated
by means of linear regression analysis, and from the intercept
the corresponding W

S pKa values were obtained. In Table 3 the
parameters of the Henderson−Hasselbach equation deter-
mined for 7(OH)Fl (362.5 nm), 3(OH)Fl (407.0 nm), and
5(OH)Fl (382.0 nm) are listed in different EtOH-W and ACN-W
mixtures. A good correlation coefficient is observed in all the

Figure 2. Absorption spectra of 7-hydroxyflavone (3.23·10−5 mol·kg−1) at different W
S pH values in acetonitrile−water (wACN = 0.214), T/K = 298.15. Run

and W
S pH: (1) 2.17; (2) 7.20; (3) 7.42; (4) 7.63; (5) 7.85; (6) 8.06; (7) 8.27; (8) 8.70; (9) 13.12 (in the order from bottom to top at λmax 362.5 nm).
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experiments and the slope values are close to unity, which is
the predicted value of the Henderson-Hasselbach equation.
The W

S pKa values of 3(OH)Fl in EtOH-W were previously
determined with this methodology19 and are reported here with
a comparative purpose.
4.3. Solvent effects. When a given compound is poorly

soluble in water, the pKa determination is usually done in
several organic−water mixtures, and the obtained W

S pKa values
are extrapolated to the aqueous medium.5,21,23,31 In the present
study, low fractions of EtOH or ACN (between w = 0.095 and

0.32) were employed in the W
S pKa determinations. Under these

conditions, the pKa values obtained from this indirect method
will be more accurate and their values will be closer to the mea-
sured ones if the compound would be water-soluble. Table 3
shows the W

S pKa values for the studied compounds at 298.15 K,
determined in different EtOH-W and ACN-W mixtures. At
constant ionic strength (0.050 mol·kg−1) it can be observed
that the W

S pKa of the compounds increase when the permittivity
of the reaction medium decreases. These W

S pKa values were
plotted against 1/D according to Kirkwood’s equation43 applied

Figure 4. Absorption spectra of 5-hydroxyflavone (8.07·10−5 mol·kg−1) at different W
S pH values in acetonitrile−water (wACN = 0.195), T/K = 298.15.

Run and W
S pH: (1) 2.17; (2) 11.00; (3) 11.18; (4) 11.37; (5) 11.55; (6) 11.73; (7) 11.91; (8) 12.27; (9) 12.64; (10) 13.13 (in the order from bottom

to top at λmax 382.0 nm).

Figure 3. Absorption spectra of 3-hydroxyflavone (3.74·10−5 mol·kg−1) at different W
S pH values in acetonitrile−water (wACN = 0.196), T/K = 298.15.

Run and W
S pH: (1) 2.17; (2) 8.64; (3) 8.85; (4) 9.06; (5) 9.26; (6) 9.47; (7) 9.68; (8) 9.88; (9) 10.09; (10) 13.12 (in the order from bottom to top

at λmax 407.0 nm).
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to acid−base equilibrium,31 and the following expressions were
obtained (the values in parentheses are the standard deviations):
7(OH)Fl

‐ = +

= =

K
D

R

p (EtOH W) 158.49(3.1)
1

5.245(0.045)

0.9989 SD 0.0057

S
W a

2 (7)

‐ = +

= =

K
D

R

p (ACN W) 466.52(11)
1

1.174(0.16)

0.9983 SD 0.014

S
W a

2 (8)

3(OH)Fl

‐ = +

= =

K D

R

p (EtOH W) 294.59(6.4)1/ 4.991(0.11)

0.9981 SD 0.022

S
W a

2 (9)

‐ = +

= =

K
D

R

p (ACN W) 375.25(11)
1

4.021(0.17)

0.9972 SD 0.017

S
W a

2 (10)

5(OH)Fl

‐ = +

= =

K
D

R

p (EtOH W) 199.67(7.7)
1

9.008(0.11)

0.9955 SD 0.016

S
W a

2 (11)

‐ = +

= =

K
D

R

p (ACN W) 266.47(12)
1

8.354(0.17)

0.9940 SD 0.020

S
W a

2 (12)

From Table 3 it is evident that in all the EtOH-W mixtures
with lower D values than the corresponding ACN-W the acid
dissociation of the flavones is higher. This comparison can be
made quantitatively using eqs 7 to 12. For example, W

S pKa values
of 7(OH)Fl in a mixture with D = 65 obtained by means of eqs 7
and 8 were 7.68 ± 0.02 and 8.35 ± 0.05, respectively. These
differences in the W

S pKa values might be explained taking into
consideration the different solute−solvent intermolecular forces
that take place in the dissociation reaction. Electrostatic inter-
actions as well as specific interactions play significant role in
this process. It is known that the solvation of anions is effective
in protic solvents where hydrogen bond may be formed
between the proton of the solvent and the lone pairs of the
anions.44 This kind of interactions can be analyzed with the
empirical parameter α, which measures the hydrogen bond
donating (HBD) ability of a solvent. The α values for the
ethanol and acetonitrile aqueous mixtures (Table 3) were ob-
tained by interpolation of experimental data available in the
literature.45 The W

S pKa values reported in Table 3 were plotted
against the α parameters and the following expressions were
obtained (the values in parentheses are the standard deviations):
7(OH)Fl

α‐ = − +

= =

K

R

p (EtOH W) 2.889(0.14) 10.75(0.15)

0.9931 SD 0.014

S
W a

2 (13)

α‐ = − +

= =

K

R

p (ACN W) 5.192(0.080) 13.31(0.09)

0.9993 SD 0.0088

S
W a

2 (14)

3(OH)Fl

α‐ = − +

= =

K

R

p (EtOH W) 8.395(0.48) 18.40(0.48)

0.9869 SD 0.059

S
W a

2 (15)

Figure 5. Determination of the W
S pKa of hydroxyflavones in acetonitrile−

water (wACN = 0.14) at 298.15 K. Graphical representation of eq 6: ■,
5-hydroxyflavone; ▲, 3-hydroxyflavone; ●, 7-hydroxyflavone; and solid
lines are the result of linear regression using eq 6.

Table 2. Data for Determination of Apparent Acidity Constant (W
S pKa) of 7-Hydroxyflavone in Acetonitrile−Water

(wACN = 0.136) at 298.15 Ka

W
S pH A362.5 nm (A − Aa)/(Ab − A) log ((A − Aa)/(Ab − A)) A312.0 nm (Aa − A)/(A − Ab) log ((Aa − A)/(A − Ab))

6.52 0.037 0.089 −1.049 0.580 0.113 −0.946
6.87 0.068 0.200 −0.699 0.549 0.209 −0.679
7.06 0.098 0.331 −0.480 0.513 0.345 −0.463
7.27 0.134 0.531 −0.275 0.472 0.541 −0.267
7.49 0.174 0.839 −0.076 0.424 0.858 −0.066
7.66 0.217 1.346 0.129 0.375 1.353 0.131
7.84 0.260 2.239 0.350 0.331 2.093 0.321
8.02 0.284 3.112 0.493 0.304 2.832 0.452
8.24 0.312 5.000 0.699 0.272 4.346 0.638

aNotation: w, organic solvent fraction (w/w); Aa = absorbance of the acid form (AH) in HCl+KCl pH = 2; Ab = absorbance of the conjugate form
(A−) in NaOH + KCl pH = 13; A = absorbance due to the species A− and AH in the buffer solution; and W

S pH is the apparent pH in the
acetonitrile−water mixture. Analytic concentration of 7-hydroxyflavone = 3.29·10−5 mol·kg−1; Aa at 362.5 nm = 0.007; Ab at 362.5 nm = 0.373; Aa at
312.0 nm = 0.624; Ab at 312.0 nm = 0.191. The standard uncertainties u are u(w) = 0.001, u(pH) = 0.01, u(A) = 0.0005.
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α‐ = − +

= =

K

R

p (ACN W) 4.840(0.24) 14.47(0.27)

0.9909 SD 0.030

S
W a

2 (16)

5(OH)Fl

α‐ = − +

= =

K

R

p (EtOH W) 3.777(0.23) 16.10(0.25)

0.9886 SD 0.026

S
W a

2 (17)

α‐ = − +

= =

K

R

p (ACN W) 3.115(0.18) 15.45(0.19)

0.9902 SD 0.025

S
W a

2 (18)

In the analyzed aqueous−organic mixtures, the acid−base
dissociation of hydroxyflavones is enhanced when the polarity
and the HBD of the reaction media increases. Solvation by
polarity affects both anions and cations, whereas the solvation
of anions is effective in protic solvent (HBD). Although there is
a dipole−dipole interaction between the polar hydroxyflavones
and the polar solvents, these are less important than the afore-
mentioned specific interaction. Finally it is important to notice
the HBD ability reflects the interaction of a solute with its
immediate surroundings, while the dielectric constant is a bulk
property of the mixture as a whole.
Equations 7 to 12 and 13 to 18 describe the solvent effects

on the acid−base equilibria and allow the determination of pKa
values at 298.15 K in pure water (D = 78.39, α = 1.24) and at
ionic strength 0.050 mol·kg−1 (W

WpKaI=0.05). Table 4 summarizes

these values in aqueous solution, and the final reported W
WpKaI=0.05

is taken as an average of the values listed in this Table. These
results reflect the different intermolecular forces acting between
the solute and the solvent molecules:

7(OH)Fl

= ±=Kp 7.11 0.17I
W
W a 0.05

3(OH)Fl

= ±=Kp 8.51 0.37I
W
W a 0.05

5(OH)Fl

= ±=Kp 11.58 0.14I
W
W a 0.05

The W
WpKaI=0.05 of 7(OH)Fl indicates that this compound is sensitive

to deprotonation at physiological pH (7.4). On the other hand, in
3(OH)Fl and 5(OH)Fl the intramolecular hydrogen bond hinders
deprotonation. Then, their pKa values are above the physiological
pH range. This factor is very important when the antioxidant
activity of flavonoids at this pH is studied.
To obtain the thermodynamic acid dissociation constants

W
WpKaI=0 of these compounds, the W

WpKaI=0.05 values were corrected
by means of the Debye−Hückel equation (eq 19), valid for
ionic strength values up to 0.1. The activity coefficients of the
neutral molecules were assigned a value of unity, whereas the
activity coefficients of the ions were estimated as

γ = −
+
Az I

a B I
log

(1 )i
i

i

2

(19)

Table 3. Parameters of Henderson−Hasselbach Equation. Apparent Acidity Constants (W
S pKa) of Hydroxyflavones at 298.15 K

in Ethanol−Water and Acetonitrile−Water Solutiona

wEtOH αb Dc slope intercept (W
S pKa) R2 wACN αb Dd slope intercept (W

S pKa) R2

7-Hydroxyflavone 7-Hydroxyflavone
0.0946 1.16 73.22 1.04 (0.02) 7.41 (0.01) 0.9964 0.118 1.13 74.12 0.97 (0.02) 7.45 (0.01) 0.9973
0.138 1.13 70.67 0.96 (0.02) 7.49 (0.01) 0.9975 0.136 1.11 73.39 0.97 (0.01) 7.54 (0.007) 0.9988
0.179 1.10 68.26 1.00 (0.03) 7.56 (0.02) 0.9918 0.175 1.08 71.67 1.00 (0.003) 7.69 (0.001) 0.9999
0.216 1.07 66.08 1.05 (0.01) 7.65 (0.008) 0.9985 0.214 1.05 69.85 0.97 (0.03) 7.86 (0.02) 0.9949
0.281 1.03 62.25 1.00 (0.01) 7.79 (0.01) 0.9992 0.280 0.99 66.61 0.98 (0.01) 8.17 (0.01) 0.9986

3-Hydroxyflavonee 3-Hydroxyflavone
0.203 1.08 66.84 9.39 0.146 1.10 72.95 0.95 (0.02) 9.16 (0.007) 0.9983
0.263 1.04 63.31 9.63 0.196 1.06 70.72 0.97 (0.01) 9.32 (0.005) 0.9992
0.303 1.01 60.96 9.83 0.256 1.01 67.81 1.02 (0.04) 9.58 (0.02) 0.9927
0.352 0.99 58.07 10.10 0.278 0.99 66.70 0.95 (0.02) 9.64 (0.007) 0.9984
0.406 0.96 54.89 10.36 0.324 0.96 64.28 0.98 (0.02) 9.85 (0.01) 0.9988
0.451 0.93 52.25 10.61

5-Hydroxyflavone 5-Hydroxyflavone
0.122 1.14 71.61 0.97 (0.03) 11.78 (0.016) 0.9942 0.102 1.14 74.76 1.01 (0.02) 11.91 (0.01) 0.9978
0.140 1.13 70.55 1.06 (0.01) 11.86 (0.009) 0.9985 0.137 1.11 73.35 0.99 (0.04) 11.98 (0.02) 0.9938
0.180 1.10 68.20 0.99 (0.01) 11.93 (0.009) 0.9984 0.195 1.06 70.76 1.03 (0.03) 12.15 (0.02) 0.9959
0.246 1.05 64.31 1.08 (0.02) 12.11 (0.008) 0.9983 0.255 1.01 67.85 0.98 (0.04) 12.27 (0.03) 0.9917
0.308 1.01 60.66 1.04 /(0.02) 12.30 (0.01) 0.9945 0.310 0.97 65.02 0.97 (0.04) 12.45 (0.02) 0.9915

aNotation: w, organic solvent fraction (w/w); α, hydrogen-bond donor capacity of the solvent mixtures. bReference 45; D, solvent relative
permittivity at 298.15 K. cReference 30. dReference 32. eReference 19 and R2 is the square regression coefficient of the least-squares linear fit. The
standard uncertainties u are u(w) = 0.001, u(T) = 0.01 K. Values in parentheses are standard fitting deviations at the 95 % confidence level.

Table 4. Estimated Acidity Constants (pKa) Values in Water
at 298.15 K and Ionic Strength 0.050 mol·kg−1 (WWpKaI=0.05),
from eqs 7 to 12 and 13 to 18, Together with Error Limits
Using the 95 % Confidence Level. In Parentheses Are the
Numbers of These Equations

W
WpKaI=0.05

7-hydroxyflavone 3-hydroxyflavone 5-hydroxyflavone

7.27 ± 0.02 (7) 8.75 ± 0.08 (9) 11.56 ± 0.05 (11)
7.13 ± 0.05 (8) 8.81 ± 0.07(10) 11.75 ± 0.06 (12)
7.17 ± 0.06 (13) 8.00 ± 0.32 (15) 11.42 ± 0.11 (17)
6.87 ± 0.04 (14) 8.47 ± 0.18 (16) 11.59 ± 0.10 (18)
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where zi is the charge of the ionic species, A and aiB are
parameters of this equation and can be calculated by using the
density and dielectric constant of water at 298.15 K and by
adopting the Bates-Guggenheim convention, which considers a
constant value of 4.56 Å for the Debye radius (ai).

39 According
to this, the activity coefficients of a cation or an anion in
aqueous medium, can be expressed as

γ = −
+

z I
I

log
0.51

(1 1.5 )i
i
2

(20)

The W
WpKaI=0 values obtained by eq 20 were

7(OH)Fl

= ±=Kp 7.28 0.17I
W
W a 0

3(OH)Fl

= ±=Kp 8.68 0.37I
W
W a 0

5(OH)Fl

= ±=Kp 11.75 0.14I
W
W a 0

The thermodynamic acid dissociation constants of the three
analyzed flavones in pure water and at zero ionic strength have
not been reported. In Table 5, the experimental conditions

informed in the literature regarding with the determination of
the pKa of these three compounds are summarized.15−17,19 The
same Table also displays predicted values in aqueous medium
with the SPARC online calculator.46 It is important to notice
that any comparison between pKa values obtained by different
experimental methods makes sense if the experimental condi-
tions were the same during the measurements. Thus, some
differences can be observed between the previously reported
pKa values and the obtained values in the present study,

especially for 7(OH)Fl and 3(OH)Fl. In this work, the same
experimental conditions were adopted for a proper comparison
of the pKa values of the studied flavones. Several measurements
were made in aqueous−organic mixtures, with low percentages
of organic solvent. In these water-rich mixtures, the extra-
polation method (W

S pKa vs 1/D) leads to good results. From the
solvent effect analysis, specific and nonspecific solute−solvent
interactions were considered. For this reason, the W

WpKaI=0 reported
in this work can be considered as consistent and suitable for our
purpose.

4.4. Molecular Modeling. To estimate an acidity constant
(Ka) value from DFT calculations, a reaction scheme must be
proposed in the first place. The choice of an appropriate
reaction model is very important, since the numerical values of
the calculated constants will strongly depend on the selected
scheme. In the present work, five different schemes have been
analyzed and they are depicted in Table 6, along with the

equations employed for the calculation of the pKa values. The
ΔGS values necessary to obtain the pKa have been calculated
using a strategy based on thermodynamic cycles.26 It can be
seen from this Table that scheme A corresponds to the simplest
way to describe an acid−base dissociation. In spite of its
simplicity, this scheme has a major drawback; the experimental
solvation free energy (ΔsolvG) of the proton is required. There
is an important variation in the reported experimental values of
this magnitude, introducing a source of error in the calculation
of the pKa. In this work the ΔsolvG(H

+) = −1112.48 kJ·mol−1

and G298
0 (H+) = −18.36 kJ·mol−1 are used, following some

previous recommendations.27,47 An alternative method to avoid
experimental values of ΔsolvG(H

+) is the use of water molecules
as a coreactant (schemes B and C). Scheme D corresponds to
an isodesmic reaction method, where HRef is an appropriate
hydroxylated flavone with experimentally known pKa value. A
serious problem of this approach is that its result is highly
dependent on the chosen reference acid (HRef). However, it
gives very good results since the number and the kind of
charged species are conserved on both sides of the chemical
equation.27,48 In this work 4′-hydroxyflavone is chosen as a
reference compound (pKaexp = 8.28).49 Finally, scheme E also
conserves the number and kind of charged species; but it is
independent from experimental values and it has been proved
that it reproduces very well the experimental pKa values of large
phenolic derivatives.27 The thermodynamic parameters calcu-
lated for all the chemical species considered in schemes A to E
are given in Table 7. From these parameters the ΔGS values are
obtained using eqs 1 to 3.

Table 5. Experimental Acidity Constants (W
WpKaI=0) Values

Determined in This Work, Available from the Literature and
Predicted with SPARC Online Calculator in Aqueous
Medium

compound W
WpKaI=0

pKa from
literature

pKa predicted with
SPARCe

7-hydroxyflavone 7.28 ± 0.17 8.48a 7.30
8.12b

7.19c

3-hydroxyflavone 8.68 ± 0.37 8.52d 9.10
10.34a

9.6b

5-hydroxyflavone 11.75 ± 0.14 11.44a 9.21
11.56b

aReference 15. Experimental conditions: potentiometric titration, 25 °C,
1,4-dioxane-water 50 % (v/v), I = 0.1. bReference 16. Experimental
conditions: spectrophotometer procedure, 21 °C, EtOH−water (1:1),
I ∼ 0.1. cReference 17. Experimental conditions: spectrophotometer
procedure, 25 °C, aqueous solution with DMSO ∼ 0.5 %, I = 0.1.
dReference 19. Experimental conditions: spectrophotometer proce-
dure, 25 °C, EtOH−water, I = 0.05. pKa extrapolated to pure water.
eReference 46. Error limits in W

WpKaI=0 are the average uncertainties of

W
WpKaI=0.05 of Table 4.

Table 6. Reaction Schemes Employed for the Calculations of
the Acidity Constants (pKa) Using the Themodynamic Cycle
Methodologya

scheme reaction pKa

A HA ↔ H+ + A− ΔGs/RT ln (10)
B HA + H2O ↔ H3O

+ + A− ΔGs/RT ln (10) − log [H2O]
C HA + 2H2O↔ H3O

+ + A− (H2O) ΔGs/RT ln (10) − 2 log
[H2O]

D HA + Ref− ↔ HRef + A− ΔGs/RT ln (10) + pKa (HRef)
E HA + OH−(3H2O) ↔ A−(H2O)

+ 3H2O
ΔGs/RT ln (10) + 14 + 3 log
[H2O]

aΔGs, Gibbs energy change in solution; HA, neutral hydroxyflavones;
A−, ionized form of hydroxyflavones; HRef and Ref−, neutral
4′-hydroxyflavone and the corresponding anion.
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The calculated pKa of the studied flavones using these
schemes are listed in Table 8. It can be seen from this Table
that the closer values to experimental results are obtained with
schemes A and D. The average error associated with the first
model is higher than the isodesmic model. This may be
attributed to the uncertainty in the experimental ΔsolvG(H

+)
value, estimated in 8.4 kJ·mol−1,26 while scheme D has the
advantage of partial error cancellation. The inclusion of water
molecules (B and C) does not improve the theoretical results;
on the contrary, it makes them worse. Both schemes involve the
generation of anions and cations from neutral molecules; and
the errors in energy calculations of ionic species by continuum
solvation methods are very high, typically around 17 kJ·mol−1.26

In addition, the proton is solvated by only one molecule of
water in schemes B and C. A better calculation of the proton
solvated energy should require a more realistic representation,
that is, the H+ solvated by a large aqueous cluster. In this
representation the charge found on H+ will delocalize across
local networks of hydrogen-bonded water molecules.50 Scheme E
yields pKa values of intermediate accuracy, better than B and C
but worse than A and D. As mentioned above, Scheme E
conserves the number and kind of charged species, resulting in
error cancellation, and it does not require any experimental
value. These results suggest that experimental quantities are
necessary to obtain theoretical pKa values of hydroxyflavones
from thermodynamic cycles with a reasonable accuracy (± 2
units of pKa). For this reason, and taking into account that the
presence of water molecules is critical in the acid−base equili-
brium, an alternative procedure to estimate the pKa values from
DFT results is proposed. This procedure assumes the reaction
of the neutral acid with a hydrated hydroxyl to give the
corresponding solvated anion and a water molecule.

+ ⇋ +− −HFl (OH )H O Fl (H O) H O2 2 2 (21)

To simplify the discussion the approximation of replacing the
activities in equilibrium constants for the molar concentrations
will be apply in this analysis. Then, for this reaction the
equilibrium constant, KC, can be defined as follows:

=
−

−K
[Fl (H O)][H O]

[HFl][(OH )H O]C
2 2

2 (22)

In addition, the dissociation of water molecules (autoprotol-
ysis) in aqueous solutions must be considered as well. For a
convenient representation of the autoprotolysis of water, in this
work, the following reaction is considered:20

⇋ ++ −3H O H O (OH )H O2 3 2 (23)

The equilibrium written on eq 23 considers that both H+ and
OH− ions are solvated with one water molecule. For this
reaction, the equilibrium constant KN can be defined:

=
+ −

K
[H O ][(OH )H O]

[H O]N
3 2

2
3

(24)

Furthermore, the autoproptolysis constant of water KW can be
formulated as

= + −K [H O ][(OH )H O]W 3 2 (25)

The constant KN can be related to KW by combining eqs 24
and 25,T
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=K
K

[H O]N
W

2
3

(26)

where [H2O] is the molar concentration of water. Therefore,
at 298.15 K the numerical value of KW

51 is 1.008·10−14 and
then KN = 5.88·10−20. Finally, combining eqs 22 and 24,
the equilibrium constant for the global reaction can be ex-
pressed as:

= =
− +

K K
K[Fl (H O)][H O ]

[HFl][H O] [H O]C N
2 3

2
2

a

2
2

(27)

=K K K [H O]a C N 2
2

(28)

If the KC value is calculated, the pKa of the compound can
be obtained by using eq 28. The KC values are estimated from
the known expression ln KC = −ΔGs/(RT), and the ΔGs are
the corresponding to the reaction describe on eq 21. In Table 9
the different equilibrium constants (KC, Ka) proposed for this
methodology are listed along with the pKa values calculated for
the studied flavones. It can be seen from these results, that the

errors are comparable with the ones obtained using the scheme
of reaction D, but the experimental pKa (HRef) is no longer
necessary. In addition, a careful examination to eqs 21 and 23
demonstrates that the global acid−base dissociation reaction
considered in this method is coincident with the reaction
depicted on scheme C (Table 6). However, in the case of
hydroxyflavones, the predicted pKa values obtained with this
alternative methodology are closer to the experimental values
that the pKa values predicted with scheme C.

4.5. NBO Analysis. By looking at Tables 8 and 9, it is
important to notice that the ordering of the pKa values is
coincident with the experimental one regardless of the method
used, this is to say, pKa 7(OH)Fl < pKa 3(OH)Fl < pKa
5(OH)Fl. This behavior can be explained in terms of the
intramolecular H bond that these molecules present. As can be
seen from Figure 1, 7(OH)Fl do not form an intramolecular
H-bond. The other two flavones, 3(OH)Fl and 5(OH)Fl, present
this H-bond, resulting in a five member and a six member closed
ring, respectively. To quantify the strength of this interaction a
NBO analysis was performed on these flavonoids. For this, the
interaction among the lone pair (LP) of the electron donor, the
carbonylic oxygen, and the antibonding (σ*) orbitals of the
hydroxyl group was examined. The results of this treatment
have been summarized in Table 10. It can be seen that the
stabilization energy (ΔEij) due to the formation of the H-bond
is higher in 5(OH)Fl than in 3(OH)Fl. Moreover, the two LP
orbitals of 5(OH)Fl interact with the σ* orbital of the OH,
while in 3(OH)Fl only one of the donor orbitals (LP2) exhibits
this interaction. A low energy difference (εj − εi) between the
donor and the acceptor orbital favors hyperconjugation, and the
strength of the H-bond is increased. The results in Table 10

Table 10. Results of NBO Analysis for 3-Hydroxyflavone (3(OH)Fl) and 5-Hydroxyflavone (5(OH)Fl) at
B3LYP/6-311+G(2d,p) Level of Theorya.

flavone Φi Φj ΔEij/kJ·mol−1 εj − εi/au Fij/au

3(OH)Fl LP1 (O11) σ* (OH)
LP2 (O11) σ* (OH) 13.97 0.67 0.043

5(OH)Fl LP1 (O11) σ* (OH) 11.97 1.07 0.050
LP2 (O11) σ* (OH) 90.83 0.70 0.112

orbital energy s/p character/%

3(OH)Fl LP1 (O11) −0.71154 59.5/40.5
LP2 (O11) −0.28158 0.2/99.8
σ* (OH) 0.38831 H 100/0
(23.1 % O + 76.9 % H) O 22/77.7

5(OH)Fl LP1 (O11) −0.68687 59.5/40.5
LP2 (O11) −0.31754 4.1/95.7
σ* (OH) 0.38338 H 100/0
(22.1 % O + 77.9 % H) O 24.5/75.2

aNotation: Φi and Φj, donor and acceptor orbitals, respectively; LP, lone pair orbitals; σ*, antibonding orbitals; ΔEij, second order stabilization
energy; εj − εi, energy difference of the interacting orbitals; Fij, off-diagonal NBO Fock matrix element.

Table 9. Gibbs Energy Change in Solution (ΔGs) and
equilibrium constants KC and Ka Calculated from eqs 22 and
28, Respectively

7-hydroxyflavone 5-hydroxyflavone 3-hydroxyflavone

ΔGs/kJ·mol
−1 −52.912 −24.046 −36.211

KC 1.880·109 1.640·104 2.250·106

Ka 3.411·10−7 2.976·10−12 4.082·10−10

pKaDFT 6.47 11.53 9.39
pKaexp 7.28 ± 0.17 11.75 ± 0.14 8.68 ± 0.37

Table 8. Calculated Acidity Constants (pKa) Values of Hydroxyflavones in Water at B3LYP/6-311+(2d,p) Level of Theory
Using Different Reaction Schemes. The Unsigned Errors Are Indicated in Parentheses

reaction schemes

compound A B C D E exp

7-hydroxyflavone 5.72 13.26 16.12 7.81 3.27 7.28
(1.56) (5.98) (8.84) (0.53) (4.01)

3-hydroxyflavone 7.59 15.14 19.04 9.69 6.19 8.68
(1.09) (6.46) (10.36) (1.01) (2.49)

5-hydroxyflavone 9.90 17.45 21.17 12.00 8.32 11.75
(1.85) (5.70) (9.42) (0.25) (3.43)
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show that εj − εi between LP2 and σ*(OH) orbitals presents
very similar values for 5(OH)Fl and 3(OH)Fl. For this reason,
the larger ΔEij value of 5(OH)Fl can be explained in terms of
the significantly larger Fij, indicating a higher overlapping ability
between LP2 and σ*(OH). In addition, the interaction between
LP1 and σ*(OH) is notably lower than the corresponding one
between LP2 and σ*(OH) due to a large value of εj − εi. This
result may be explained in terms of the lower energy of LP1 and
the mixed s/p character of this orbital (LP2 is almost a pure p
orbital), which reduces (5(OH)Fl) and prevents (3(OH)Fl)
the hyperconjugation with the σ* orbital. Taking into account
that 7(OH)Fl does not present the intramolecular H-bond, and
that this bond is stronger in 5(OH)Fl that in 3(OH)Fl, the
proton dissociation is easier in 7(OH)Fl, then in 3(OH)Fl, and
finally in 5(OH)Fl. These NBO results regarding the H-bond
strength of the analyzed flavones are consistent with the ordering
observed for the experimental and calculated pKa values.

5. CONCLUSIONS
The acidity constants of hydroxyflavones, sparingly soluble
compounds in water, were determined in diverse EtOH-W and
ACN-W solutions using a UV−visible spectroscopic method
based on the Henderson−Hasselbalch equation. The differ-
ences in the W

S pKa values for the same compound, in EtOH-W
and ACN-W mixtures, were explained considering that the
dissociation process is ruled by electrostatic interaction as well
as by specific solute−solvent interactions. In the analyzed
aqueous−organic mixtures, the acid−base dissociation of
hydroxyflavones is enhanced when the polarity and the HBD
of the reaction media increases. Using linear relationships
between these solvent parameters and the W

S pKa measured in
aqueous−organic mixtures, the W

S pKa values in pure water were
obtained with enough accuracy. The dissociation constants were
also calculated by means of DFT methods (B3LYP/6-311+G(2d,p)
level of theory), employing five thermodynamic cycles reported
in the literature and an alternative method proposed by us. The
latter method takes into account the solvation of anions by one
water molecule, in the partial neutralization of the hydroxy-
flavone and in the autoprotolysis of water reactions. The obtained
results with this method are in very good agreement with the
experimental values, with errors lower than 1 pKa unit. Finally, the
experimental ordering in the acidity of the hydroxyflavones
indicates that the p-OH group ionizes more easily than the o-OH
group. From the natural bond orbital (NBO) analysis, it can be
seen that the stabilization energy due to the formation of the
H-bond is higher in 5(OH)Fl than in 3(OH)Fl.
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