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Abstract

Long aliphatic hydrocarbon chains aggregate in aqueous solution due to the hydrophobic effect, forming structures
such as micelles and membranes, while amino groups titrate at basic pH. These two biologically important behaviors
are linked in alkylamines, in which the pK, of the amino group is shifted downward by aggregation. In this paper we
study the thermodynamics of these coupled processes, following aggregation by observing alkylamine pH titration
behavior. The magnitude of the shift depended on the aliphatic chain length and on the concentration of alkylamine:
longer chains and higher concentrations lowered the pK, to a greater extent. Gibbs free energies of protonation and
aggregation were calculated from the pK, shifts. Enthalpies, entropies, and heat capacities were estimated by van’t
Hoff analysis from the pK, shift dependencies on temperature. However, the results were less precise than the
calorimetrically measured values, as described in the following article. A model to calculate titration curves, pK,
shifts, and aggregation of uncharged alkylamines as a function of aliphatic chain length, concentration, and
temperature is presented. © 2001 Elsevier Science B.V. All rights reserved.
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1. Introduction

Determination and interpretation of ionizable
group pK, values is an important subject in bio-
logical chemistry [1]. Protein ionizable group pK,
values are widely used for the calculation of elec-
trostatic interactions in proteins [1-3], and shifts
in pK, values of ionizable amino acid side chains
are an important source of information about
neighboring charges and dipoles, dielectrical
permittivity and hydration of the environment of
the amino acid [4].

One of the less recognized reasons for pK,
shifts is association and aggregation of molecules
in solution. This occurs for long chain alky-
lamines. Protonation constants of short chain
alkylamines with 1-6 carbon atoms were de-
termined over a century ago. Both the protonated
and deprotonated amine forms were fully soluble
in water. However, it was noticed that longer
chain alkylamines aggregate upon deprotonation.
Deprotonated forms of alkylamines such as dode-
cylamine were practically insoluble in water.
These difficulties prevented determination of the
pK, values of long chain alkylamines in water.
Hoerr et al. [5] determined long chain aliphatic
amine (9-18 carbon atoms) pK, values by mea-
suring equivalent conductance in various
ethanol-water mixtures and extrapolating to zero
ethanol concentration. This method prevented
aggregation of deprotonated amine.

However, recent compilations of pK, values of
organic compounds do not elaborate on the
method of pK, determination [6—-8]. These, and
other similar sources simply list all pK, values.
Therefore, it appears from recent tabulations that,
for example, the pK, values of methylamine and
tetradecylamine in aqueous solution are equal
(10.63 for methylamine and 10.62 for tetradecy-
lamine [7]). This would be true in the infinitely
dilute solutions. However, observable pK, values
in aqueous solution are very different.

In this study we investigate the linked protona-
tion and aggregation equilibria of long chain
(10-14 carbon atoms) aliphatic amines (1-amino-
n-alkanes) in aqueous solution by potentiometric
titration. Such an approach enables determina-

tion of both the aggregation and ionization ther-
modynamics. The aggregation reaction is fully
reversible as demonstrated by back-tiration, thus
the system is in thermodynamic equilibrium. Fur-
thermore, the pK, of the soluble amine is the
same for all chain lengths, but the observed pK,
is precisely predictable from alkylamine solubility
data. Conversely, the observed pK, can be used
to determine the Gibbs free energy of aggrega-
tion, a quantity difficult to determine directly by
solubility measurements because of linked ioniza-
tion equilibrium.

Other thermodynamic functions of aggregation,
including enthalpy, entropy, and heat capacity,
were estimated from the temperature depen-
dence of the pK, shift by using van’t Hoff analy-
sis. The main conclusions were consistent with
the aliphatic alkane aggregation thermodynamics
as determined by van’t Hoff analysis of alkane
solubilities [9]. It is not possible to determine
alkane aggregation thermodynamics in aqueous
solution by titration calorimetry at a constant
temperature and pressure. However, it was possi-
ble to carry out such experiments with alky-
lamines using the linked protonation equilibrium.
Thermodynamic parameters of aggregation de-
termined by titration calorimetry [10] were found
to be largely inconsistent with the van’t Hoff
analysis, because the precision of the pK, shift
and solubility data is insufficient to yield mean-
ingful results. These results lead to reconsidera-
tion of the thermodynamics of hydrophobic inter-
actions between long aliphatic chains [11].

2. Methods
2.1. Chemicals

Most alkylamines including propylamine hydro-
chloride, propylamine, octylamine, nonylamine,
decylamine, undecylamine, dodecylamine, tridecy-
lamine, and tetradecylamine were purchased from
Aldrich Chemical Co. (Milwaukee, WI). Octy-
lamine hydrochloride and dodecylamine hydro-
chloride were purchased from Acros Organics
(currently obtainable through Fisher Scientific).
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All alkylamines were at least 98% pure, and were
used without further purification. All other
chemicals were of the reagent grade.

2.2. Potentiometric titration of alkylamines

Alkylamine solutions of various concentrations
were prepared by adding HCI to the exactly same
amount of non-ionic amine to fully protonate
amine to the alkylammonium cation. To all solu-
tions 10.0 mM NaCl was added to maintain non-
zero ionic strength. Such alkylammonium solu-
tions were titrated with 10 times more concen-
trated NaOH solutions containing 10.0 mM NacCl,
and then backwards with HCI solution of the
same concentration (in 10 mM NaCl) to confirm
reversibility. Alkylamine concentrations used were
1, 2,5 and 10 mM, and they were titrated with 10,
20, 50 and 100 mM NaOH and HCI solutions,
respectively. pH was measured potentiometrically
using a Beckman Research pH meter with the
error less than 0.01 pH units and calibration
uncertainty of approximately 0.1 pH units. Titra-
tion reactions were carried out in a temperature-
controlled water bath at 24.3, 34.3, 43.1 and
53.4°C. The deviation in temperature was approx-
imately +0.3°C and did not exceed +0.8°C dur-
ing the titration. Experiments were repeated sev-
eral times to estimate an error of measurement.
The pH meter was calibrated with 50 mM sodium
carbonate buffer (25 mM Na,CO,/25 mM
NaHCO,). However, there is a slight discrepancy
about the pH of such solution in several literature
sources. Butler and Cogley [12] list the pH values
of 10.012 and 10.329 of the same buffer at 25°C
and zero ionic strength. We used the following
pH values to calibrate the pH meter at our exper-
imental temperatures and small ionic strengths:
24.3°C — 10.23, 34.3°C — 10.16, 43.1°C — 10.10,
53.4°C — 10.05. Furthermore, the pH meter was
checked with 0.1 M fresh NaOH. The deviation
was always less than +0.1 pH units from the
following expected pH values [13]: 24.3°C — 12.91,
34.3°C — 12.59, 43.1°C — 12.31, 53.4°C — 12.06.
Alkylamines with 11-14 carbon atoms visibly ag-
gregated upon deprotonation by sodium hydrox-
ide, but fully redissolved upon protonation with
hydrochloric acid during back-titration. The titra-
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74 RNH;* + OH™ — RNH,! + Hy0

1 1 1
0 04 0.8 12
mol NaOH added / mol alkylammonium

Fig. 1. Potentiometric titration curves of alkylammonium
chlorides (2 mM) with sodium hydroxide (20 mM). Datapoints
are the experimentally observed results: W, propylammonium
(C3); O, decylammonium (C,,); O, undecylammonium (C,,);
@, dodecylammonium (C,); and a, tridecylammonium (C,3).
Lines are calculated according to the model (see text). Dotted
line — propylamine titration, practically unperturbed by ag-
gregation. Solid lines — titration of longer chain alkylamines
with the midpoints (protonation pK, values) shifted down-
wards due to the aggregation.

tion curves shown in Figs. 1, 2 and 7 were ob-
tained by titration with NaOH. Nearly identical
curves were obtained by back-titration with HCI
indicating that the aggregation reaction was fully
reversible and the observed pK, values repre-
sented true thermodynamic equilibrium.

3. Results

3.1. Observed pK, values of long-chain aliphatic
amines by potentiometric titration

Positively charged n-alkylammonium chlorides
with various alkyl chain lengths were titrated with
sodium hydroxide. There was no aggregation of
short alkylamines, such as propylamine. However,
long chain alkylamines, such as tetradecylamine,
visibly aggregated in aqueous solution upon de-
protonation. The symbols in Fig. 1 show potentio-
metric titration curves of deprotonation and ag-
gregation of long chain alkylamines. The lines are
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Fig. 2. Potentiometric titration curves of propylammonium
(m, dotted line, C3) and dodecylammonium (solid lines, Cy,)
chlorides with sodium hydroxide at various concentrations: A,
1 mM; O, 2 mM; and O, 5 mM. Propylamine titration curve
was practically independent of concentration. Datapoints are
the experimentally observed results, and the lines are calcu-
lated according to the model. Propylamine titration was un-
perturbed by aggregation. Solid lines — titration of dodecy-
lamine with the midpoints (protonation pK, values) shifted
downwards due to aggregation.

calculated according to the model that will be
discussed later. The midpoints of the titration
curves, which are the observed pK, values, pK .,
were shifted towards lower pH values for longer
chain alkylamines. The longer the aliphatic chain,
the greater was the downward shift of the titra-
tion curve. Every additional methylene group
shifted the pK, value downwards by approxi-
mately 0.6—0.8 pH units.

To make sure that such shift of the titration
curves is not due to a kinetic effect of trapping
the aggregated form of the amine, the reverse
titration was performed. Back-titration of the ag-
gregate with hydrochloric acid yielded practically
identical titration curves and pK, values for
each alkylamine. Therefore, both the protona-
tion—deprotonation and the aggregation—dissolu-
tion reactions were fully reversible, showing that
the experiments were carried out under thermo-
dynamic equilibrium conditions. Repeatability of
the titrations was also good, with an average
standard error of approximately 0.1 pH unit.

The shift in the pK_,, was also dependent on
the total added alkylamine concentration, being
greater at higher concentrations of alkylamines.
Fig. 2 shows dodecylamine (C,,) titration curves
at various concentrations and the propylamine
(C,) control curve. The propylamine titration
curve essentially did not vary with concentration,
while the dodecylamine titration curve shifted
more when higher concentrations were used.
These observations correlated with aggregation:
dodecylamine aggregated upon deprotonation and
propylamine did not.

3.2. lonization equilibria

Three reactions occur upon titrating proto-
nated amines with sodium hydroxide: alkylam-
monium cation is deprotonated; hydroxide anion
is protonated; and uncharged alkylamine aggre-
gates to an extent that depends on alkyl chain
length and concentration:

RNH} < RNH, + H* (1
H*+ OH < H,0 (2
RNH, & RNH, | (3)

The alkylamine protonation constant is:

_ [RNHZ][H+] _ 10—10.64
acid — [RNH;] -

=229x10""' M 4)

This value comes from literature sources
(Table 1), which conclude that in the absence of
aggregation, the alkylamine protonation equilib-
rium constant is equal to 107 and the pK,.;
is equal to 10.64 + 0.1. It is independent of alky-
lamine concentration and the alkyl chain length
from 1 to 18 carbon atoms [5,14]. However, K, 4
values for long chain alkylamines were estimated
by measuring equivalent conductivities of alky-
lamines in the presence of various alcohol con-
centrations, and then extrapolated to zero alcohol
concentration. By doing so, aggregation was pre-
vented. Instead, in this article, we are interested
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Table 1
The shift of long chain alkylamine protonation pK, values as a function of alkyl chain length () and alkylamine concentration (C)
m* c’ PR ng,m P Kb pKf:alc
(mM)
1 - 10.63 10.6532 - 10.64
2 - 10.70 10.6784 - 10.64
3 2 10.60 10.5685 10.65 +0.10 10.64
4 - 10.77 10.6385 - 10.64
5 - 10.63 10.631 - 10.64
6 - 10.56 10.639 - 10.64
7 - 10.67 - - 10.63
8 - 10.65 - - 10.60
9 - 10.64 10.64 - 10.50
10 2 10.64 10.64 10.23 +0.10 10.23
11 2 10.63 10.63 9.67 +0.12 9.76
12 2 10.63 10.63 9.13 +0.10 9.18
13 2 10.63 10.63 8.50 + 0.15 8.56
14 2 10.62 10.62 7.56 + 0.25 7.93
12 1 10.63 10.63 9.44 + 0.10 9.46
12 2 10.63 10.63 9.16 + 0.10 9.18
12 5 10.63 10.63 8.80 &+ 0.15 8.79
12 10 10.63 10.63 8.73 +0.20 8.49

#Number of carbon atoms in alkylamine (e.g. m = 12, dodecylamine).

°Total added concentration of alkylamine at the beginning of titration at which our experimental pK, values were determined.

“Alkylamine protonation pK, values as listed in a databook [7] without explanation how they were measured (pK, values are
concentration-independent).

dAlkylamine protonation pK, values as determined in aqueous solution (1-6 carbon atoms) [14], or with various concentrations
of ethanol (9-14 carbon atoms), preventing aggregation of long amines [5] (pK, values are concentration-independent).

°Our experimental pK, values in aqueous solution allowing aggregation (pK, values are concentration-dependent).

fAlkylamine protonation pK_,,. as calculated using Eq. (17).

calc

in quantifying the effect of aggregation on proto- Here [RNH, | ] is to be understood as the moles

nation. of precipitate per liter of solution, not the local
concentration of precipitated alkylamine. Eq. (5),

3.3. Alkylamine solubility and aggregation while approximate, is physically reasonable and
numerically adequate over its range of applica-
tion.

The concentration of soluble amine can be
written as:
3.4. Gibbs free energy of aggregation
[RNH, |] )
- Cc We now define aggregation ‘equilibrium con-
stant’, A, as the reciprocal of the solubility:

[RNH,]=fS=S5

where § is the limiting solubility of RNH,, f is

the fraction of RNH, in precipitated form, and C 1 [RNH, ]
is the total concentration of alkylamine in all A= S [RNH,]-C 7
forms:

s or in another form we express the precipitation
C = [RNH;] + [RNH,] + [RNH, | ] (6) equilibrium as a function of C and A:
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[RNH, | ]
RNH,] ~AC¢

A is related to the Gibbs free energy of aggre-
gation, the free energy of transferring 1 mol of
dissolved RNH, (at infinite dilution, 1 M stan-
dard state) to the precipitated phase:

A,G=—RTInA=RTInS (8)

It has been approximated for a long time [9]
that the Gibbs free energy of aggregation of
linear n-alkanes, 1-alcohols, and 1-amino alkanes
depends linearly on the aliphatic chain length:

Here m is the number of carbon atoms in the
aliphatic chain, and the factors Aw and w, are
empirically determined by linear regression of
experimental solubility data [11,15-17]. The fac-
tor Aw, by which the aggregation equilibrium
constant increases upon adding one methylene
(CH,) group to the alkyl chain has been de-
termined to be approximately equal to 4.241 for
all classes of linear aliphatic compounds. The
coefficient w, which reflects head group contribu-
tions, is equal to 1.32 for alkanes, 0.00309 for
alcohols, and 0.000416 for alkylamines [11]. Val-
ues of A as calculated by Eq. (10) are listed in
Table 2.

A,G(m) = —RT(mInAw + Inw,) ) 3.5. Calculation of alkylamine titration curves
SO We now use the alkylamine protonation and
aggregation equilibria, along with other equilibria
A=) A" (10) and conservation relations, to predict the titration
Table 2
Aggregation parameters, 4, and the comparison between the two Gibbs free energies of aggregation (A,G and A,,,G) for
alkylamines with m carbon atoms per molecule and alkylamine concentration C
m* c* A° Wea 1+AC Ay, G' A, G®
(mM) ™Y (kJ mol™") (kJ mol™ ") (kJ mol ™ ")

3 2 0.0317 8.56 1.00 —0.00016 60.7

4 - 0.134 4.97 1.00 —0.00067 60.7

5 - 0.57 1.39 1.00 —0.00283 60.7

6 - 242 -2.19 1.00 —0.0120 60.7

7 - 10.3 —5.77 1.02 —0.0503 60.7

8 - 43.5 —9.35 1.09 —0.207 60.5

9 - 184 —-12.93 1.37 —0.779 60.0
10 2 782 —16.52 2.56 —2.33 58.4
11 2 3320 —20.10 7.64 —5.04 55.7
12 2 14 100 —23.68 29.2 —8.36 524
13 2 59700 —27.26 120.4 -11.9 48.9
14 2 253000 —30.84 507 —154 453
12 1 14100 —23.68 15.1 —-6.73 54.0
12 2 14100 —23.68 29.2 —8.36 524
12 5 14100 —23.68 71.5 —10.6 50.2
12 10 14100 —23.68 142 —-12.3 48.5

*Number of carbon atoms in alkylamine (e.g. m = 12, dodecylamine).

"Total added concentration of alkylamine [C, Eq. (6)].

‘Aggregation equilibrium parameter 4 as calculated using Eq. (10).

4Gibbs free energy of aggregation calculated using Eq. (9).

“Aggregation equilibrium parameter Agg.

[Gibbs free energy of aggregation as calculated using Eq. (20).

£Overall Gibbs free energy of deprotonation in the presence of aggregation [Eq. (19)].
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curves shown in Figs. 1, 2 and 7, a test of our
model.
The dissociation product of water is:

K,=[H"][OH ]=10""* M? at 25°C an

Charge balance must be preserved at any stage
of titration:

[H*]+ [Najy] + [RNHS ]

=[OH"]+[CI"] (12)

The added Na* concentration is equal to the
added OH™ concentration because these ions are
being added together:

[Na,,q]=[OH 4] (13)

The chloride concentration is equal to the ini-
tially added alkylammonium concentration and
thus to the sum of all amine species at any stage
of titration [Eq. (6)]:

c=I[Cl"] (14)

The total Na® and Cl~ concentrations are
higher in our experiments than indicated from
Eq. (13) to Eq. (14), since there is a constant
additional concentration of NaCl of 10 mM in
both the titrant and the titrating solutions to
maintain approximately constant ionic strength
during titration. These added concentrations can-
cel out of the equations.

We now have the seven equations [Egs. (4), (6),
(7), (11)-(14)] needed to calculate the concentra-
tions of the seven species in the equilibria —
[RNHJ], [RNH,], [RNH, |], [Na*], [OH_4],
[OH], and [H*] — in terms of the parameters
K. K,, A, and C, and thereby predict the
titration curves. Algebraic manipulation yields a
cubic equation, which can be rearranged to calcu-
late pH= —log[H*] as a function of added
sodium hydroxide [OH,4]. To avoid solving the
cubic equation we instead express [OH,, ] as a
function of pH:

[OH,,,]= —[H*] - (4AC + DK,

a

cid[HJr]2
+ (K, + (AC+ 1DCK ,;)[H']
+(AC+ DK, i, K,

([H" P + (AC + DK, [H])
(15)

which yields the calculated lines in Figs. 1, 2 and
7. Within the standard error of the measure-
ments, the experimental datapoints were gener-
ally well fitted by the calculated lines, without any
further adjustment of the parameters. For the
mathematical solution of similar ionic equilibria
see Butler and Cogley [12].

3.6. Calculation of the alkylamine pK, shifts

The observed pK, values (the midpoints of the
titration curves) can be calculated by adding the
equations:

[RNH;] = [RNH,] + [RNH, | 1= 5 (16)

Solving the system of Egs. (4), (6), (7), (11)-(14)
and (16) for pH at the midpoints of the titration
curves gives the simple result:

pHmidp = chalc = pKacid - 10g(AC + 1) (17)

and the effective protonation equilibrium con-
stant is:

Kcalc = Kacid(AC + 1) (18)
or
Kcalc = Kacid Agg

where Agg=AC + 1. The Agg parameter de-
scribes the equilibrium of an aggregation reaction
(3). It shows the dependence on the concentra-
tion C and the A parameter.

Equivalently, the calculated Gibbs free energy
of deprotonation is:
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A,.G = —RTInK,, = —RTInK

—RTIn(AC+1)=A

acid

G +A,,G

calc

acid

(19)

Here the first component is the Gibbs free
energy of deprotonation and the second compo-
nent is the Gibbs free energy of aggregation:

A,eG=—RTIn(AC+1) = —RTn Agg (20)

It is noteworthy that K ;. is dependent on the
total concentration C of alkylamine added to the
solution. The calculated and experimental alky-
lamine pK, values are compared in Table 1 and
in Figs. 3 and 4. Fig. 3 shows the dependence of
observed pK,, and calculated pK_, on alky-
lamine chain length. Alkylamine pK, values in
the literature (obtained under non-aggregating
conditions) are also plotted for comparison. Fig. 4
shows the dependence of observed pK,. and
calculated pK_,, on the total concentration of
alkylamine. Experimental data match the calcu-
lated values quite well within the error of mea-
surement.

The Gibbs free energy of aggregation depends
on the standard reference state, such as molar or
mole fraction standard states [17]. Without the
reference state a value of the Gibbs free energy
of aggregation is meaningless. This explains why
we need to introduce two Gibbs free energies of
aggregation (A ,G, Eq. (8), and A, G, Eq. (20)).
First, the aggregation A4 Gibbs free energy (A ,G)
is unique for each alkylamine and can be conve-
niently listed in a literature with a defined refer-
ence state (1 M in this study). Second, the Gibbs
free energy of aggregation (A,,,G) is observed in
the actual experiment where, for example, 2 mM
concentration was used. It is necessary to define
the concentration, because A, G is concentra-
tion-dependent. Both Gibbs free energies would
be practically equal only if a hypothetical 1 M
alkylamine concentration was used in the experi-
ment.

3.7. Calculation of the concentrations of alkylamine
forms during titration

To help visualize the appearance of the aggre-

Literature values
11+ (no aggregation)

8 Measured and calculated pKas Y
(with aggregation) \

T T 1 I )

)
2 4 6 8 10 12 14

Number of carbon atoms in alkylamine ( m)

Fig. 3. Long chain alkylamine protonation pK, dependence
on alkyl chain length. Open squares show pK, values of
alkylamines in the literature [7]. They were obtained by ex-
trapolating equivalent conductance measurements obtained in
alcohol-water mixtures (prevents aggregation) to zero alcohol
concentration [5]. Filled symbols — our experimentally de-
termined pK, values in aqueous solution at the following
concentrations: A, 1 mM; e, 2 mM; and M, 5 mM. Lines show
the calculated pK, values according to the model (see text) at
the following concentrations: dashed line with small intervals,
1 mM; solid line, 2 mM; and dashed line with large intervals, 5
mM.

gate at various pH values, we now calculate con-
centrations of all three alkylamine forms
(IRNH?], [RNH,], and [RNH, |]) as a function
of pH for various alkylamine chain lengths and
various concentrations. We use Egs. (4), (6) and
(7) to express the concentrations of alkylamine
forms in terms of the parameters of interest:

[RNH}] = 1o (21)
107 4 (AC+ DK,y
CK 4
RNH,] = o 22
[ 2 107PH + (AC + DK,y 22
ACK ;
[RNH, |]= 2cid (23)

107PH + (AC + DK,

acid

These concentrations are plotted as a function
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114
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C
104 10
« Cl
v
& 94 C
Cis
8_
1 1
0 0.002 0.004 0.006

Concentration of all amine forms (C), M

Fig. 4. Long chain alkylamine protonation pK, dependence
on concentration. Symbols represent our experimentally de-
termined pK, values in aqueous solution for the following
alkylamines: M, propylamine; O, decylamine (C,,); O, unde-
cylamine (C,,); ®, dodecylamine (C,,); and a, tridecylamine
(Cy3). Lines show the calculated pK, values according to the
model (see text).

of pH in Fig. 5. Such plots are generally known as
Sillen diagrams [12]. Graphs on the left side show
the dependencies for 2-mM concentrations of
octylamine, decylamine, dodecylamine, and te-
tradecylamine. Concentration of the aggregate in-
creases with increasing alkyl chain length, and the
intersection between the upper two lines (approx.
equal to the pK_,,.) shifts to the lower pH. Graphs
on the right side show the dependencies for 0.01,
0.1, 1 and 10 mM dodecylamine. As with increas-
ing alkyl chain length, higher concentrations in-
crease the relative fraction of the aggregate con-
centration and lower pK_,.

Fig. 6 shows calculations for dodecylamine at
concentrations below those we used in our experi-
ments, indicating that some amount of aggregated
RNH, is present even at the lowest concentra-
tions. This small amount of aggregate may not be
easily observable, but should be taken into ac-
count in the thermodynamic analysis of experi-
ments.

3.8. Dependence of aggregation on temperature: van’t
Hoff analysis

To obtain the van’t Hoff enthalpy and entropy

of aggregation, pH titrations were carried out at
various temperatures. Fig. 7 compares propylam-
monium (C,) and tridecylammonium (C,;) depro-
tonation curves obtained at 24.3 and 53.4°C. As in
Figs. 1 and 2, the symbols are experimental data-
points and the curves are simulated according to
the model. The curves are shifted significantly
with temperature, but their relative shapes are
similar. Thus, aggregation was not affected in a
major way: the temperature increase primarily
affected K., and K. This introduces a poten-
tial for significant error in estimating the depen-
dence of aggregation on temperature. However,
careful analysis enabled determination of the
temperature dependence of K K, and A4
(Table 3).

Applying the van’t Hoff equation to 4 or Agg
we can obtain the enthalpy, entropy, and the heat
capacity of aggregation. The derived enthalpy and
the heat capacity are independent on the concen-
tration C, but the entropy is dependent on the
concentration.

acid» w

AgeHu  9lnAgg  9In(AC+1)

RT? ~  oT oT
C 94
=AC+1 9T @)
or
A H - (A, ,G/T )
agg " “vH 6(1/T )
and when AC > 1, then
A, H
agg~"vH ~ dln A (25)
RT? aT
The constant pressure heat capacity is
oA, H
agg " vH
A, Cp= T (26)
The entropy of aggregation is
0A 10 G
ApeS=— 9T =RIn(AC+1)
RTC 0A
T ACTT 9T @n
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Fig. 5. Calculated concentrations of all three alkylamine forms as a function of pH (Sillen diagrams). Plots on the left side compare
alkyl chain dependence from Cg (upper left plot) to C,, (lower left plot), C =2 mM. Plots on the right compare concentration
dependence for dodecylamine (C,,) from 0.01 mM (upper right plot) to 10 mM (lower right plot). In the upper plots the amount of
aggregate is negligible, and in the lower plots the amounts of the aggregate are sufficient to affect the pK, values — intersections
between upper two lines shift to the left. Small dashed lines — concentrations of the protonated alkylammonium cation (RNHY),
solid lines — concentrations of the neutral dissolved amine (RNH,), and the broad dashed lines — concentrations of the aggregate

(RNH, |).
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Fig. 6. Comparison between the phase approximation of solu-
bility and our calculated concentrations of dodecylamine forms
at pH 12, when C = S. All three forms of dodecylamine are
present at all concentrations according to our model, while
zero concentration of the aggregated phase is predicted by the
phase approximation when C <S. However, when C> S,
there is practically no difference between the two models.

A G RT 04
AAS=— 5T =RlnA+78—T (28)
and when AC > 1, then
AeS = A4S+ RInC (29)

The results for dodecylamine and tridecylamine
aggregation at 24.3, 34.3, 43.1 and 53.4°C are
shown in Table 3. Note that the aggregation
parameters A obtained by curve fitting at 24.3°C
differ slightly from the ones obtained by using Eq.
(10). This discrepancy (17000 or 14100 for dode-
cylamine) shows the error of such estimates.

In Figs. 8 and 9 we have plotted the thermody-
namic parameters for dodecylamine in compar-
ison with the alkane dodecane as derived from its
solubility dependence on temperature [18]. As
noted above, AG and AS depend on concentra-
tion, so we have plotted them at C =2 mM (Agg)
and 1 M (A), the latter being the hypothetical
standard state. On the other hand, AH and ACp
are independent of concentration. From this anal-
ysis we could conclude that the aggregation of
dodecane is entropy-driven to a greater extent

than the aggregation of dodecylamine. However,
as calorimetric analysis of dodecylamine aggrega-
tion reaction will show [10], van’t Hoff analysis
often gives unreliable enthalpies and entropies.

4. Discussion

We have demonstrated that the observed pK,
values of long chain n-aliphatic alkylamines are
strongly perturbed by the linked aggregation reac-
tion of deprotonated amine. This perturbation
depends on both the concentration and the alky-
lamine chain length. When aggregation is taken
into account, the pK, values of all the studied
alkylamines, regardless of chain length, are essen-
tially the same. According to our model, the pH,
at which the concentrations of dissolved amine
forms equaled each other ([RNHj]=[RNH,]),
was always equal to 10.64 (Fig. 5).

Aggregation thermodynamics is conventionally
expressed through the solubility S or its recipro-
cal, the ‘equilibrium constant’ A, related to the
molar free energy of transfer of alkylamine from
solution to precipitate, A ;G = —RT In A. How-
ever, the coupling of titration with aggregation in
our experiments introduces an effective aggrega-
tion constant that depends on concentration, Agg
=AC+ 1. In our experiments with long-chain
compounds, AC > 1, so the effective constant is
proportional to concentration, an apparently
paradoxical behavior whose explanation has re-
quired detailed analysis.

Solutions of sparingly soluble compounds are
often approximated by a two-phase model. When
the amount of added compound per volume of
solution is below the solubility limit S, then the
compound is assumed to dissolve fully. When the
amount of added compound exceeds the solubility
limit, then the excess compound is assumed to
remain undissolved as another phase that is ther-
modynamically inactive. In our studies, when pH
is sufficiently high to make the amount of the
RNH7 negligible, and when the concentration C
is much higher than S, then the concentrations of
RNH, and RNH, | follow closely the approxi-
mation described above. However, at low concen-
trations of alkylamine (C < ), the concentration



Table 3
Thermodynamic parameters of aggregation as a function of temperature for dodecylamine (m = 12) and tridecylamine (m = 13), and compared to data for dodecane
(calculated from the solubility data in the literature)

Temp‘ ma pKEv pK:cid Ad 1 AAGe 1 Aagng Aagg H%H AA S{}H 1 1 Aagg Si/H Aaggcjp

O M) (kJ mol™ ") (Jmol™ " K™)

24.3 12 14.02 10.84 17 000 —24.09 —-8.79 —22.47 5.5 —46.3 —1006
13 14.02 10.84 72100 —27.66 —12.31 —12.00 52.5 0.9 —-1072
Ci,Hyg - - 4.60E7 —43.64 —28.27 —0.08 146.4 94.7 —875

34.3 12 13.72 10.73 11500 —23.90 —8.12 —32.70 —283 —80.2 —1039
13 13.72 10.73 55200 —2791 —12.05 —2291 16.5 —35.1 —1108
C,,Hyg - - 435E7 —44.95 —29.07 -8.97 117.0 65.3 —904

43.1 12 13.50 10.35 8000 —23.63 —7.45 —41.99 —58.1 —110.0 —1069
13 13.50 10.35 43200 —28.07 —11.76 —32.80 —15.2 —66.9 —1140
CpoHyg - - 3.76E7 —45.87 -2953 —17.04 91.1 395 -930

534 12 13.30 9.85 4400 —22.78 —6.20 —53.20 —-92.9 —145.0 —1104
13 13.30 9.85 26200 —27.62 —10.80 —44.73 —-523 —104.0 —-1177
Ci,Hy - - 2.90E7 —46.65 —29.78 —26.77 60.9 9.2 —960

*Number of carbon atoms in alkylamine (e.g. m = 12, dodecylamine).

IJNegativc logarithm of the water ionization constant (K,,) at various temperatures used to simulate curves in Figs. 1, 2 and 7 according to Eq. (15), obtained from
Butler and Cogley [12].

“Negative logarithm of the alkylammonium deprotonation constant (K, ;) at various temperatures used to simulate curves in Figs. 1, 2 and 7 according to Eq. (15).
These constants are nearly identical to methylammonium deprotonation constants, obtained from Christensen et al. [23].

dAggregation parameter A [Eq. (7)], obtained by regressing pH titration data against Eq. (15) where the only fitting parameter was A.

°Gibbs free energy of aggregation obtained from A using Eq. (8), C =1 M (hypothetical).

fExperimentally observed Gibbs free energy of aggregation, C =2 mM, calculated using Eq. (20).

£Van’t Hoff enthalpy of aggregation calculated using Eq. (24), independent of concentration.

T‘Van’t Hoff entropy of aggregation calculated using Eq. (28), C = 1 M (hypothetical).

"Van’t Hoff entropy of aggregation calculated using Eq. (27), C =2 mM.

'Van’t Hoff heat capacity of aggregation calculated using Eg. (26), independent of concentration.
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Fig. 7. Potentiometric titration curves of alkylammonium
chlorides (2 mM) with sodium hydroxide (20 mM) at 24.3
(filled symbols) and 53.4°C (open symbols). Datapoints are the
experimentally observed results, squares — propylammonium,
and triangles — tridecylammonium. Lines are calculated ac-
cording to the model (see text) with a single fitting parameter
A.

of aggregate is significant and not equal to zero
(Fig. 6). When its concentration is very low, how-
ever, there is practically no impact on the pK, of
the alkylamine (0.01% for propylamine according
to our calculations).

These results suggest that biophysical binding
experiments should be carried out at several dif-
ferent concentrations. If the binding constant or
other thermodynamic parameter is dependent on
the concentrations of reactants at constant molar
ratio, then one should look for a linked aggrega-
tion reaction, which may not be visible to the
naked eye. Only if the binding parameters are
concentration-independent can they be regarded
as true thermodynamic parameters of a single
molecular reaction.

A decrease in the pK, value of an ionizable
group upon changing its chemical environment
can be explained in several ways. Dielectric
permittivity (dielectric constant) of the environ-
ment may have changed affecting electrostatic

. a - b
0 A aggG dodecylamine @ 0 (®)
—g' 104 —g' 10+ AagflvH dodecane
2 =
s 204 A 4G dodecylamine s -20-
§ 7 e |
& 304 ¢ . ) & -30
a A ggd5 dodecane %
¥ 404 ¥ -404
5 s
g -50 A4 G dodecane E -504 A oy dodecylamine
_60 I I I _60 1 1 I
20 30 40 50 60 20 30 40 50 60
Temperature, °C

Fig. 8. Gibbs free energies (a) and enthalpies (b) of dodecylamine (open symbols) and dodecane (filled symbols) aggregation as a
function of temperature. Symbols represent datapoints in Table 3 and the lines are second order polynomial fits. (a) Circles are
experimentally observed (C =2 mM) Gibbs free energies of aggregation (A,,,G) and squares are A,G, C=1 M. Gibbs free
energies are practically independent of temperature. Data of great precision are needed to calculate temperature derivatives of the
Gibbs free energy. (b) Triangles are van’t Hoff enthalpies of aggregation as calculated from the Gibbs free energy dependence on
temperature. Enthalpies are independent of concentration, therefore A,,, H=A,H. Despite an apparent high precision, the
enthalpy values are quite inaccurate as concluded from comparison with the calorimetric enthalpies of aggregation.
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Fig. 9. Entropies (a) and heat capacities (b) of dodecylamine (open symbols) and dodecane (filled symbols) aggregation as a

function of temperature. Circles are experimentally observed (C =2 mM) entropies of aggregation (A

ageS) and squares are

entropies of aggregation at a hypothetical 1 M concentration (A 4S). Entropies of aggregation decrease significantly and heat
capacities of aggregation decrease slightly with increased temperature.

interactions between the charges. Additional
charges may have been brought into the immedi-
ate vicinity of the first charge. Repulsion between
charges of the same sign, or attraction between
opposite charges, may affect protonation equilib-
ria of both ionizable groups. However, in the case
of alkylamines, we have shown that the pK, shift
was due to aggregation only. Upon deprotonation
of long chain alkylamines, the amino headgroups
were buried from aqueous solution by the sur-
rounding neighboring molecules of the aggregate
particle. Those buried molecules remained ther-
modynamically active and reversibly affected the
apparent pK, of the dissolved molecules by an
amount proportional to the amount of material in
the insoluble phase.

It is important to note that by titrating alkylam-
monium chlorides of intermediate chain lengths
with hydroxide, the alkylamines were transferred
from a nearly completely dissolved form to a
nearly insoluble form. Critical micelle concentra-
tions (CMC, molar) of alkylammonium chlorides
at 25°C are expressed by the following empirical
equation [19]:

logCMC = 1.25 — 0.265m (30)

where m is the number of carbon atoms in alky-

lammonium chloride. The CMC of dodecylam-
monium chloride, for example, is 11.7 mM, and
that of tetradecylammonium is 3.47 mM. Thus,
there are no micelles present at the beginning of
titration at 2 mM alkylammonium concentration.
At the end of titration, though, over 95% of
dodecylamine and over 99% of tetradecylamine
were in the aggregated form. There are very few
such reactions in aqueous solution, where a hy-
drophobic alkyl compound is fully soluble at the
beginning, and practically insoluble at the end of
the reaction.

Alkylamine solubility and all thermodynamic
parameters of aggregation could be calculated
from pK, shifts at various temperatures using
van’t Hoff analysis. However, as we shall show in
the following paper [10] and as has been noted in
other systems [20-22], the van’t Hoff enthalpies
and entropies often do not agree well with calori-
metric data because of the inadequate precision
even in careful measurements of the temperature
dependence of the equilibrium constant. Still,
van’t Hoff analysis is widely used, and such analy-
sis is the only way to obtain enthalpies and en-
tropies when only Gibbs free energies can be
measured.

This study presents three major conclusions.
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Perhaps the most important is the finding that
pK, shift can be explained by aggregation and
that the shift is a useful tool to study aggregation.
We also have shown that the ‘concentration’ of
non-dissolved compound, i.e. the amount of pre-
cipitate per volume of the solution, participates in
thermodynamic equilibria and must be con-
sidered when interpreting the behavior of hy-
drophobic systems. Finally, the enthalpy and heat
capacity of hydrophobic interactions are concen-
tration-independent, but the Gibbs free energy
and the entropy are dependent on concentration
and may even change their sign.
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