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Abstract: The interaction of guest molecules ranging from pentan-1-ol to octan-1-ol with
α-cyclodextrin (α-CD) in water of has been studied calorimetrically at 283.15, 288.15,
293.15, 298.15 and 308.15 K with an isoperibolic titration calorimeter designed in our
laboratory. The calorimetric method employed allows the determination of the
thermodynamic parameters characterizing the binding process, ∆G°m, ∆H°m, ∆S°m and
∆Cp°, namely free energy, enthalpy, and calorific capacity. These results show that in the
temperature range investigated, the entropy change increased with chain length. This is in
line with what is expected for a hydrophobic dehydration process. However, that effect is
not expected to lead to the more pronounced negative CH2-increment observed for nc > 5 or
6. As for many other ligand binding processes, we can observe a significant enthalpy entropy compensation for this system, both with respect to temperature and structure.
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1. Introduction
Solution calorimetry is used primarily to determine the enthalpy changes due to the formation of a
solution [1]. The enthalpy of solution, ∆solH, depends on the morphology of the solute, the structure of
the liquid and the molecular interactions between the dissolved solid and the liquid. A common
industrial application of solution calorimetry is the detection and characterization of the potential
polymorphs of a new drug [2, 3]. In such experiments, the enthalpies of solution for potential new
polymorphic forms, prepared from different crystallization media, are measured in a common solvent.
However, an interesting but as yet unexplored application of solution calorimetry is to reverse this
pattern, whereby the enthalpy of solution for a stable form of a drug is measured in a number of
different solvents. These solvents can be biological fluids, model biological fluids or complex
dispersions, and by measuring ∆solH in both the whole solvent system and its individual components
valuable information may be obtained. It is also possible to convert the temperature offset data from a
semi-adiabatic solution calorimeter into a power–time plot [4, 5].
A calorimeter is a thermodynamic instrument but can also be employed as an analytical tool, for
example as a 'process monitor'. About 100 calorimetric investigations involving macrocyclic
compounds have been reported, most of them on cyclodextrins, see for example [6-20]. For recent
work on crown ethers, see [6, 7]. Few calorimetric investigations have so far been conducted on
cryptands [1-7] and calixarenes [10].
In the present paper, the term 'isothermal microcalorimeter' is used for particularly sensitive
calorimeters, which are used in experiments where the temperature stays essentially constant. The
sensitivity for such instruments is typically less than 1 µW or better, and the amount of material
employed in a chemical experiment usually is less than 1 µmol.
Modern microcalorimetry has extended the use of calorimetry in studies of ligand binding,
dissolution, heat capacity (small samples, dilute solutions) and in experiments with living cells. With
respect to dissolution measurements and in work with living materials it is often essential that the
calorimeters not only have a high sensitivity but also that the instruments allow very long measurement
periods (days). Fortunately, several modern microcalorimeters have an excellent baseline stability
making them well suited for such work.
This paper will concentrate on calorimetric technique isoperibolic of titration adapted by us and
applied in thermodynamic experiments. However, even for cases where calorimeters mainly are
employed as analytical instruments, it is important to express results in terms of well defined
thermodynamic properties. Below we briefly review some thermodynamic properties which can be
determined calorimetrically and are of particular importance for the area treated here.
When a 'heat of reaction' is measured under conditions of constant pressure (in practice usually the
atmospheric pressure) it is the enthalpy change, ∆H, that is determined. The heat production rate, often
called the 'thermal power', P, or heat flow, ø, is a thermodynamic as well as a kinetic property which
typically is determined in experiments where the calorimeter is used as a process monitor:
P = d(∆H)/dt

(1)

Enthalpy measurements conducted for a process at different temperatures will lead to the change in
heat capacity for the system at constant pressure, ∆Cp:
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∆Cp = d(AH)/dT

(2)

This property has proved to be of major importance in, for example, studies of binding processes
conducted in aqueous solutions. However, surprisingly few such measurements have been reported in
the area of macrocyclic chemistry.
Dissolution calorimetry is of particular importance in studies of intermolecular forces in pure
compounds and of solute - solvent interactions. Such measurements are therefore also important for
investigations of binding reactions in solution as the thermodynamics of such processes to a large
extent is governed by the solvation of the reaction components. From a comparison of enthalpy values
for dissolution of a compound into two different solvents (∆solH1 and ∆solH2) the enthalpy of transfer
(∆transH) of the compound between the two solvents can be derived [21-30]:
∆transH = ∆solH1 - ∆solH2

(3)

It should be noted that the properties ∆transH and ∆transCp reflect changes in the interactions between
the solute and the solvent, without any contribution from the intermolecular forces present in the pure
compounds used in the determination of the ∆solH-values.
A special case of ∆transH is the enthalpy of transfer of a compound from the gas phase to solution,
usually called the enthalpy of solvation, ∆solH. For solids and liquids this property is obtained as the
difference between values for enthalpy of dissolution and enthalpy of vaporization (sublimation),
∆vapH:
∆solvH= ∆solH – ∆vapH

(4)

Except for very dilute solutions, there can be significant interactions between solute molecules in a
solution. It is therefore often desirable to determine values for enthalpies of dilution which may allow
calculation of ∆solH values for infinitely dilute solutions, ∆solH∞ (∆transH∞, ∆solCp∞). When
microcalorimetric techniques are used, it is frequently possible to work in concentration ranges which
are low enough to be considered as infinitely dilute. The partial molar heat capacity for a solute (A) at
infinite dilution, Cp∞ (A), is not influenced by any intermolecular forces except by those between solute
and solvent. This property can be derived from the heat capacity value determined for the pure solute
(*) and the dissolution heat capacity value:
Cp∞ (A) = ∆solCp,m∞ (A) + Cp,m *(A)

(5)

where the index m indicates 'molar'.
Alternatively, Cp∞ (A) may be determined by direct heat capacity measurements of very dilute
solutions. From a practical point of view, the most important thermodynamic property for a binding
process is the concentration equilibrium constant, Kc, where index c indicates that the K-value is based
on equilibrium concentrations rather than activities (which in most cases not are available). For many
binding processes it is possible to determine K, values and corresponding enthalpy values
simultaneously by use of titration calorimeters or flow mixing calorimeters, cf below. The relationship
among equilibrium constant, standard Gibbs energy change (∆G°) and corresponding entropy change
(∆S°) are given by:
∆G°= -RTlnKc
(6)
∆G°= ∆H° - T∆S°
(7)
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where R is the gas constant and T the absolute temperature.
The objective of this study is to investigate these interactions through a through an understanding of
the formation of simple 1:1 complexes between small organic molecules and either α- or βcyclodextrin (hexa- and heptaamylose, respectively) as a common receptor.
Because we introduce only the smallest possible chemical perturbation, that of a single functional
group, and because of the relative simplicity of the reacting system, the hydrogen bond or hydrophobic
interaction introduced into the complex is reasonably well defined. By comparing the values of the
thermodynamic quantities in the presence and in the absence of this additional interaction, many of the
common contributions to the thermodynamics in the individual binding reactions (e.g., effects of
solvation/desolvation, changes in mole number, loss of translational and rotational entropy) may be
largely eliminated. The remaining difference then provides an estimate of the contribution of the
hydrogen bond and hydrophobic interaction per se to the thermodynamics of binding in these
complexes. The requested values of the thermodynamic quantities at different temperatures have been
obtained by isothermal titration calorimetry. This technique yields the binding constant, K, and the
enthalpy change, ∆H°, from which the free energy change, ∆G°, the entropy change, ∆S°, and the
change in heat capacity upon binding, ∆Cp°, are obtained [6-20].
2. Experimental Section
Thermal titrations were carried out in the calorimeter reaction cell of an isoperibolic titration
calorimeter of local construction, with an electronic circuit coupled to improve its performance by
reducing short-term noises (Figure 1). The calorimeter has a 25 mL capacity Dewar (1) contained in
vessel made of carbon fiber (2) to allow water circulation, that keeps the temperature constant, and
provides physical resistance to the appliance which is assembled. This appliance is assembled to a
cover (3), by means of which is fixed to the calorimeter, and that carries the sensors and calibration
elements (4,5) as well as the stirring (6) and injection (7) systems.
The sensor system consists in a series of thermistors hold in a Wheatstone bridge, where two of the
branches are replaced by NTC-type thermistors to obtain great thermometric sensitivity. The
equipment has a calibration resistance (5) of 20 ohms and was specially constructed in our laboratory
to carry out the calibration measurements.
The stirring system (6) was completely built of Teflon to avoid undesired reactions and thermal
escapes. It was connected to a high precision automatic titrator that allowed the injections performed in
this work (7).
The calorimeter has an automatic capture system, connected to a PC through an IEEE card (8), that
allows a continuous measurement monitoring. Once in the PC (9), the thermal changes are estimated
by means of a software package developed by our group.
The instrument was electrically calibrated for each temperature. In an experiment, portions of 30
mM ligand (7-50 µL) were injected into a 10.0 mL thermostatted cell containing 6.5 mM of
cyclodextrin and stirred at 600 rpm. Injections were for 40 s at 5-min intervals. The necessary heat to
dilute the ligand into the buffer was obtained in an identical run and subtracted from the ligand +
cyclodextrin titration. The cyclodextrins were obtained from Sigma Aldrich, and the other chemicals
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were from J.T. Baker. These materials were of the highest purity available and were used without
further purification. All solutions were in a 0.05 M Na phosphate buffer at pH = 7.1, where it is known
from the pKs that the acids and amines are singly charged species. Using the same stock solution of
ligand, a single titration was carried out at each temperature.
Figure 1. Isoperibolic titration calorimeter. (1) Cell; (2) Jacket; (3) Lid; (4-5) Holes for
sensors; (6) Stirrer; (7) Injection system; (8) Capture system; (9) Computer.

3. Results and Discussion
We have used an isoperibolic titration calorimeter to study the binding of a series of simple guest
molecules (straight-chain alkane-1-ols, ROH) to α-cyclodextrin (α-CD). Figure 2 summarizes the
results from a stepwise calorimetric titration experiment where aqueous solutions of pentan-1-ol to
octan-1-ol were injected stepwise into an aqueous solution of α-CD at 298.15 K. The points show the
heat quantities determined experimentally, Q, plotted against the injection number, N. A curve
calculated by the use of values derived for K, and ∆H°, assuming a 1:1 binding model, eqn (8), is also
shown
ROH + α-CD = α-CD.ROH
(8)
Figure 2. Heat evolution per injection, Q, plotted against injection number, N. The fitted
lines are: ●pentan-1-ol, ◊ hexan-1-ol, ▲ heptan-1-ol, ■ octan-1-ol. ————, fitted lines.
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Good agreement is found between the experimental points and the curves, supporting the assumed
binding model for the C5 - C8 alcohols, but this agreement does not prove that the assumed model is
correct. For heptan-1-ol and octan-1-ol as guest molecules, the picture looks quite different (Figure 3).
A clear systematic deviation is seen between the experimental points and the curve, which was again
based on the assumption of the simple 1:1 binding model, eqn (8). However, the agreement between
the experimental points and the curves would become satisfactory if the calculations were based on a
model where 1:1 complexes are formed (Figure 4), but not for formation of 1:2 complexes, as other
authors report in the literature [39, 40]. Due to the low solubility of heptan-1-ol and octan-1-ol in
water, it was not possible to vary the ROH:α-CD ratio as desirable and the values obtained for the
second complex were uncertain.
Figure 3. Heat evolution per injection, Q, plotted against injection number, N. The fitted
lines for: ▲ heptan-1-ol, ■ octan-1-ol. ————, fitted lines.

Figure 4. Heat evolution per injection, Q, plotted against injection number, N. The fitted
lines for: ▲ heptan-1-ol, ■ octan-1-ol. ————, fitted lines.
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The profiles of Figures 2-4 decay; i.e. the value of energy generated with the increasing number of
injections of the corresponding alcohol is diminishing, which correlates with the interaction capacity
between the alcohols and the cyclodextrins. Additionally, it is observed that the heat developed also
correlates with to the chain length of the alcohol – shorter alcohol chains generate less heat.
Consequently, the complex composition (ROH.[α-CD]2, or [ROH]2.α-CD) could not be identified
from a statistical point of view. However, from results of other studies with different types of longchain guest molecules, it was concluded that complexes with two α-CD molecules and one guest
molecule can be formed, in addition to the 1:1 complexes.
Experiments were conducted at different temperatures, 280.15 K, 288.15 K, 293.15 K, 298.15 K
and 308.15 K. In Figures 5 – 7, the derived thermodynamic results, ∆G°m, ∆H°m , ∆S°m and ∆Cp° are
plotted versus the number of carbon atoms in the alkan-1-ol molecules, nc. For a discussion of the
obtained thermodynamic values, the majority of the simple symbols used in eqn (8) can be deceptive.
A somewhat more realistic picture can be formulated, eqn (9), if we consider the binding process as the
transfer of a fully solvated (hydrated) guest molecule to the binding site (presumably the cavity of the
α-CD molecule):
(ROH)aq + (α-CD.n H2O)aq = (α-CD . (n-x)H2O.ROH)aq + x(H2O)aq

(9)

The binding (or the transfer) process then hypothetically can be thought as a multi-step reaction: (i)
partial dehydration of ROH; (ii) solvation of the hydrocarbon chain by the (partially hydrophobic)
medium in the α-CD cavity and release of some (x) water molecules; (iii) possibly some
conformational change of the α-CD molecule; (iv) transformation of water molecules released from the
cavity to form bulk water.
One can thus possibly expect that at least for heptan-1-ol or octan-1-ol, one methylene group will
remain solvated by the bulk water and not take part in the process. Taken together, contributions (i)
and (ii), usually called 'hydrophobic interaction', are often assumed to be the main driving force for the
transfer of an alkyl group into a non-aqueous environment. Inspection of Figures 5 - 7 shows that the
∆G°-values are essentially temperature independent within the temperature range investigated but that
∆H°- and ∆S°- values have large temperature dependence. Such results demonstrate the importance of
conducting these kinds of experiments at several temperatures, otherwise the thermodynamic picture
might appear to be far too simple. A wide experimental temperature range is also important from the
point of view that such measurements will lead to ∆C°p-values eqn (2), which have proved to be
particularly important for the transfer of hydrophobic groups between an aqueous solution and a nonaqueous phase, cf below.
From Figure 5 it is seen that the initially linear plot of -∆G° against nc, change slope at nc= 5, which
agrees with the depth of the cavity through the α-CD molecule. The CH-increment of the linear part is
about 3 kJ.mol-1, which is a typical value for the transfer of a CH2-group from water to a liquid
organic phase [40].
The enthalpy changes (Figure 6) also increase linearly but no stability effect is observed. The CH2 increment is about 4 kJ.mol-1, which is high compared to CH2-increment values derived from
calorimetric dissolution experiments on many series of organic liquids, typically ≤ 1.5 kJ.mol-1
[36-41].
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For the whole temperature range investigated, the entropy change will increase with increasing
chain length (Figure 7). This is in line with what is expected for a hydrophobic dehydration process.
However, that effect is not expected to lead to the more pronounced negative CH2-increment observed
for nc > 5 or 6.
As for many other ligand binding processes, we can observe a significant enthalpy - entropy
compensation for this system, both with respect to temperature and structure (Figures 2 – 6). The
partial molar heat capacity for a hydrophobic compound (or corresponding contribution from a
hydrophobic group) is much larger for aqueous solutions than for solutes in organic solvents (for
example, a pure liquid organic compound). Thus we expect that the transfer of an alkane chain from
aqueous solution to the medium provided by the cavity in α-CD will be accompanied by a large
decrease in heat capacity for the system. This is in qualitative agreement with the experimental results,
Figure 8. However, these results show a CH2-increment of about -100 J.K-1mol-1 whereas the value
expected for the assumed transfer process is significantly less negative, about -50 to -60 J.K-1mol-1
[40].
Figure 5. ∆G° for the binding of alcohols to α-cyclodextrin against the number of carbon
atoms, nc.
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Figure 6. ∆H° for the binding of alcohols to α-cyclodextrin against the number of carbon
atoms, nc.
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Figure 7. ∆S° for the binding of alcohols to α-cyclodextrin against the number of carbon
atoms, nc.
20

10

∆S°(Kjoul/mol.K)

0

-1

1

3

5

7

9

283,15
288,15
293,15
298,15

-10

-20

308,15

-30

-40

-50

nc

- Cp/L.mol-1.K-1

Figure 8. ∆Cp° for the binding of alcohols to α-cyclodextrin against the number of carbon
atoms, nc.
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4. Conclusions
An isoperibolic titration calorimetric technique was used to conduct studies with α-CD and simple
alkanols, determining that there is a decrease in the heat capacity of the system. This research shows
that it is possible to study the interactions between macrocyclic compounds and alcohols by
calorimetry. Such measurements frequently will lead not only to a value for the overall enthalpy change
for the process but also to information about the binding stoichiometry and to values for the
equilibrium constant(s) and corresponding molar changes of Gibbs energy, enthalpy and entropy.
However, the influence of temperature and structural parameters is often poorly reflected in a series of
∆G°-values compared to corresponding values for ∆H° and ∆S°, for example. Solvation of the reaction

Energies 2008, 1

102

components will often give very large contributions to the values for ∆H°, ∆S° and ∆C°p; of a ligand
binding process.
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