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Abstract

Tetracycline (TTC) is a broad-spectrum antibiotic that has become an emerging contami-
nant due to its widespread use in human and veterinary medicine. The limited physico-
chemical data on its solid–liquid equilibrium hinders the development of pharmaceutical 
formulations and the modeling of its environmental fate. This study aimed to perform a 
thermodynamic analysis of TTC solubility in ten pure organic solvents between 278.15 and 
313.15 K. Solubility was quantified using UV/Vis spectrophotometry and the shaking-flask 
method. The solid phases at equilibrium were analyzed using FTIR spectroscopy. The 
apparent standard thermodynamic functions of the solution were calculated using the 
Gibbs–van’t Hoff–Krug model. The effect of the solvent was evaluated using the KAT-LSER 
multiparametric model. The results showed that solubility increased with temperature in 
all studied solvents, reaching its maximum value in N,N-dimethylformamide (𝑥2 = 0.0431
at 313.15 K) and its minimum in cyclohexane (𝑥2 = 0.00000161 at 278.15 K), decreasing in 
alcohols as the aliphatic chain lengthens or becomes branched. We conclude that dissolution 
is an endothermic process (Δsoln𝐻∘ > 0), favored primarily by enthalpy in polar media, and 
governed by the dipolarity/polarizability (𝜋∗) of the solvent.

Keywords: tetracycline; solubility; thermodynamics of solutions; organic solvents;
KAT-LSER model; Gibbs–van’t Hoff–Krug model

1. Introduction
Tetracyclines are a family of antibiotics that are characterized by a linear core of four 

connected rings, known as the naphthacene system (Figure 1) [1–3]. Their primary mecha-
nism of action is their ability to bind reversibly to the 30S subunit of bacterial ribosomes. 
This blocks the coupling of aminoacyl-tRNA (aa-tRNA), which prevents the elongation 
of the polypeptide chain during protein synthesis [1,3]. Since their discovery in the mid-
20th century, these drugs have been overprescribed in human and veterinary medicine for 
prophylaxis and treatment of infections caused by Gram-positive and -negative bacteria, 
as well as by Rickettsia, Mycoplasma, Chlamydia, and various protozoa [4]. Tetracyclines 
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have evolved into three generations; The first generation consists of natural analogs, such as 
oxytetracycline, chlortetracycline, and tetracycline [5]. The second generation comprises 
semisynthetic derivatives, such as doxycycline and minocycline [6]. The third generation 
consists of synthetic molecules, such as tigecycline and eravacycline; these third-generation 
drugs have been designed to optimize bioavailability and overcome pharmacokinetic bar-
riers [7] in addition to their conventional uses in treating dermatological and respiratory 
conditions, as well as in gastrointestinal eradication regimens, such as therapy against 
Helicobacter pylori. Some studies have highlighted their non-antibacterial properties. These 
properties include anti-inflammatory and immunomodulatory effects, as well as significant 
antineoplastic potential through altering the cell cycle, modulating autophagy, and inducing 
apoptosis in multiple cancer cell lines [1].

OH O OH
OH

O O

NH2

OH

N
CH3CH3

CH3HO

Figure 1. Molecular structure of Tetracyclinie (IUPAC Name: (4S,4aS,5aS,6S,12aS)-4-
(Dimethylamino)-3,6,10,12,12a-pentahydroxy-6-methyl-1,11-dioxo-1,4,4a,5,5a,6,11,12a-octahydro-2-
tetracenecarboximidic acid).

However, the clinical efficacy of tetracyclines is severely compromised by the emer-
gence and widespread dissemination of antimicrobial resistance (AMR). This phenomenon 
is exacerbated by the intensive, prolonged, and often excessive use of tetracyclines in agri-
cultural production and medical practice. The proliferation of multidrug-resistant strains 
has made antibiotic resistance one of the most significant global health problems [8,9].

According to the NORMAN network, this problem extends beyond hospital and 
community settings to environmental ecosystems, where tetracycline is classified as a highly 
persistent emerging contaminant [10]. Due to its limited metabolism in the gastrointestinal 
tract (between 30% and 90%), the ingested dose is excreted unchanged or in the form of 
bioactive metabolites through urine and feces [11]. The primary pathways for antibiotics to 
enter aquatic and edaphic systems are effluent discharges from wastewater treatment plants 
(WWTPs), whose conventional biological processes are largely ineffective at removing these 
molecules, along with agricultural runoff resulting from the use of contaminated manure 
as fertilizer and industrial pharmaceutical discharges [8,11,12]. In aquatic bodies and 
sediments, tetracycline strongly binds to organic matter, sediments, and microplastics. A 
dangerous consequence is that tetracycline becomes immobilized in biofilm matrices while 
retaining its bioavailability to benthic and sessile microbiota. This results in a continuous 
effect that stimulates the vertical and horizontal transfer of ARGs, altering native microbial 
diversity and inducing ecotoxic responses in phytoplankton, benthic invertebrates, and 
vertebrates, such as fish [11,13].

In this context, the pharmacological impact of tetracycline and its behavior in the 
environment are both governed by fundamental physicochemical processes [2,14]. As a 
highly polar and hydrophobic amphoteric molecule, solubility is one of its most important 
physicochemical properties, as it determines the partition of the drug between the different 
phases of the system [13,15]. From a biopharmaceutical standpoint, solubility is related 
to the rate of drug dissolution in the gastrointestinal tract [16]. In aquatic and edaphic 
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ecosystems, solubility controls tetracycline’s mobility, regulating its dispersion in water, its 
tendency to chelate with divalent metal cations and its dynamic adsorption–desorption 
equilibrium with solid matrices such as activated sludge, sediments and microplastics [13]. 
Therefore, solubility determines not only the drug’s antibacterial potency, but also the 
magnitude of its impact on the microbiota [13].

Given the complexity of these potential interactions, it is necessary to thermodynami-
cally evaluate the drug dissolution process in order to generate data that will help elucidate 
the possible molecular mechanisms governing its behavior [14,17]. The standard apparent 
thermodynamic functions are determined using the Gibbs–van’t Hoff–Krug model, which 
allows for the analysis of the energy contributions of the dissolution process [18,19]. This 
analysis of thermodynamic functions—enthalpy (Δsoln𝐻∘), entropy (Δsoln𝑆∘), and Gibbs 
energy (Δsoln𝐺∘)—provides insight into possible molecular interactions between drugs 
and solvents. This information could be useful in developing more efficient industrial 
processes [20,21].

In order to analyze these interactions at a molecular level, the Kamlet–Abboud–Taft 
Linear Solvation Energy Relationship (KAT-LSER) model has become a key predictive 
tool for quantifying the impact of solvents and intermolecular forces on the solubility of 
nonelectrolytes. Thus, the KAT-LSER model provides an interpretation linking the struc-
ture of the solute to its solvation behavior in pure solvents [22–24]. Despite significant 
clinical, agronomic and ecological interest in tetracycline, systematic experimental data on 
solubility and temperature-dependent thermodynamic dissolution functions are lacking 
in the scientific literature. This lack of empirical information limits the accuracy of envi-
ronmental transport models, hinders the optimization of pharmaceutical purification and 
crystallization processes, and often necessitates the use of unproven theoretical extrapo-
lations. The primary rationale of this research is, therefore, to determine the equilibrium 
solubility of tetracycline through experimentation, characterize the thermodynamics of its 
dissolution and apply the KAT-LSER model to identify possible molecular interactions. This 
will generate a set of physicochemical data that can contribute to the design of effective ther-
apeutic formulations, the modeling of the drug’s environmental fate and the development 
of remediation technologies.

2. Materials and Methods
2.1. Reagents

In this study, Tetracycline (TTC) (Sigma-Aldrich, Burlington, MA, USA; compound 2, 
N,N-dimethylformamide (DMF) (Sigma-Aldrich, Burlington, MA, USA; solvent component 
1a, purity of at least 0.998 in mass fraction), methanol (MeOH) (Sigma-Aldrich, Burlington, 
MA, USA; solvent component 1b, purity of at least 0.9975 in mass fraction), ethanol (EtOH) 
(Sigma-Aldrich, Burlington, MA, USA; solvent component 1c, purity of at least 0.995 in 
mass fraction), n-propanol (n-PrOH) (Supelco, Burlington, MA, USA; solvent component 
1d, purity of at least 0.995 in mass fraction), i-propanol (i-PrOH) (Supelco, Burlington, MA, 
USA; solvent component 1e, purity of at least 0.995 in mass fraction), n-butanol (n-BtOH) 
(Sigma-Aldrich, Burlington, MA, USA; solvent component 1f, purity of at least 0.999 in mass 
fraction), n-octanol (n-OcOH) (Sigma-Aldrich, Burlington, MA, USA; solvent component 
1g, purity of at least 0.998 in mass fraction), 1,4-dioxane (DX) (Panreac, Barcelona, MA, 
España; solvent component 1h, purity of at least 0.995 in mass fraction), n-hexane (n-Hex) 
(Sigma-Aldrich, Burlington, MA, USA; solvent component 1i, purity of at least 0.99 in mass 
fraction), cyclohexane (CHN) (Sigma-Aldrich, Burlington, MA, USA; solvent component 1j, 
purity of at least 0.99 in mass fraction) (solvent component 1), Sodium hydroxide (NaOH) 
(Sigma-Aldrich, Burlington, MA, USA, purity of at least 0.97 in mass fraction), and distilled 
water (W) with conductivity 2.0 < μS/cm were used.
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2.2. Solubility Determination
Solubility was determined according to the flowchart shown in Figure 2 [25]; for phase 

separation, syringe filters with a pore size of 0.45 μm were used, IR analysis was performed 
using an infrared spectrometer MPA Bruker Optik GmbH (Karlsruhe, Alemania), and 
quantification was performed using an EMC-11-UV UV/VIS spectrophotometer (Dresden, 
Germany) (See Supplementary File).

Materials and reagents

Preparation of a sol-
vent aliquot (5 ml)

Solvents 1a-1j

Saturation of solventsDrug

Two phases

Saturation

Concentration data Filtration

Solid phase analysis

Possible poly-
morphic changes

Quantification

Solubility

No

No

Yes

Yes

Figure 2. Flowchart of the experimental procedure for determining the solubility of drugs in
cosolvent mixtures.

3. Results
Table 1 presents the experimental solubility data, which is expressed as a mole frac-

tion. Thus, tetracycline (TTC) becomes more soluble in all the evaluated solvents as the 
temperature increases (Figure 3). As molecular mobility increases, the solute and solvent 
can interact to form new hydrogen bonds and dipole–dipole interactions, promoting the 
dispersion and dissolution of the drug. When analyzing the behavior of the series of linear 
alcohols (methanol, ethanol, n-propanol, n-butanol, and n-octanol), it is observed that 
solubility decreases as the aliphatic chain lengthens (greater number of carbon atoms). 
Thus, an increase in methylene groups (−CH2−) enlarges the nonpolar region of the solvent 
molecule, favoring London dispersion forces between aliphatic chains while decreasing 
the relative density of the hydroxyl group. This could reduce the solvent’s ability to form 
hydrogen bonds and dipole–dipole interactions with the multiple polar groups of TTC.

Caço et al. reported mole fraction solubilities of TTC in ethanol of 0.00613 at 
288.15 K, 0.00732 at 293.15 K, and 0.0115 at 303.15 K [26]. When comparing these data 
with those obtained experimentally in this study, a relative discrepancy (calculated as 
RPR = 100 ⋅ (𝑥1 − 𝑥2)/[(𝑥1 + 𝑥2)/2] [27]) of 52.5% at 288.15 K, 47.5% at 293.15 K, and 49.32% 
at 303.15 K is observed. These discrepancies between laboratories are usually attributed 
to methodological factors (temperature control, experimental technique, and analytical 
method) or to the physicochemical characteristics of the solute (purity, polymorphic or 
enantiomeric forms). Upon reviewing the study by Caço et al., the only difference lies in the 
equilibration time; while Caço et al. report 6 h of equilibration, this study ensured a time 
of 36 h; a possible explanation is that the original solid used by Caço et al. contained an 
amorphous or microcrystalline phase, or a metastable polymorph with higher free energy, 
resulting in a transiently higher initial apparent solubility [28]. With prolonged equilibra-
tion times (36 h), the system typically undergoes secondary nucleation and conversion to 
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the thermodynamically more stable and less soluble polymorph; however, this remains 
mere speculation given the lack of solid-state analysis in both studies. At 6 h, the metastable 
polymorph had not yet reversed. In this regard, Jouyban points out that there is marked 
variability among laboratories in solubility measurements, even under seemingly identical 
conditions, which compromises the predictive power and fit of theoretical models [29]. In 
line with this, Vertzoni et al. point out that achieving true thermodynamic equilibrium in 
this type of system often requires times exceeding 24 h [30].

Table 1. Experimental solubility of TTC (2) in different organic solvents, expressed as mole frac-
tion (𝑥2), at different temperatures. Average relative uncertainty in temperature is 𝑢𝑟(𝑇) = 0.05 K. 
Experimental pressure p = 0.097 MPa.

Solvent 278.15 K 283.15 K 288.15 K 293.15 K 298.15 K 303.15 K 308.15 K 313.15 K

DMF 2.08±0.02×10−2 2.33±0.02×10−2 2.61±0.03×10−2 2.90±0.03×10−2 3.22±0.03×10−2 3.55±0.03×10−2 3.91±0.03×10−2 4.31±0.03×10−2

MeOH 3.23±0.07×10−3 4.01±0.08×10−3 4.93±0.10×10−3 6.01±0.11×10−3 7.28±0.13×10−3 8.77±0.14×10−3 1.05±0.02×10−2 1.25±0.02×10−2

EtOH 2.22±0.05×10−3 2.83±0.07×10−3 3.58±0.08×10−3 4.51±0.09×10−3 5.62±0.11×10−3 6.95±0.13×10−3 8.54±0.15×10−3 1.04±0.02×10−2

n-PrOH 1.35±0.04×10−3 1.78±0.04×10−3 2.32±0.06×10−3 3.00±0.07×10−3 3.84±0.08×10−3 4.89±0.10×10−3 6.17±0.12×10−3 7.72±0.13×10−3

i-PrOH 5.93±0.18×10−4 8.17±0.24×10−4 1.11±0.03×10−3 1.50±0.04×10−3 2.00±0.05×10−3 2.65±0.06×10−3 3.47±0.07×10−3 4.52±0.09×10−3

n-BtOH 8.26±0.25×10−4 1.12±0.03×10−3 1.50±0.04×10−3 2.00±0.05×10−3 2.63±0.06×10−3 3.44±0.08×10−3 4.46±0.09×10−3 5.71±0.11×10−3

n-OcOH 2.96±0.10×10−4 4.18±0.14×10−4 5.82±0.18×10−4 8.01±0.24×10−4 1.09±0.03×10−3 1.47±0.04×10−3 1.97±0.05×10−3 2.60±0.06×10−3

DX 4.40±0.05×10−4 6.60±0.05×10−4 9.88±0.10×10−4 1.48±0.02×10−3 2.21±0.02×10−3 3.31±0.05×10−3 5.18±0.05×10−3 8.36±0.08×10−3

n-Hex 2.06±0.09×10−6 2.59±0.11×10−6 3.23±0.13×10−6 4.01±0.16×10−6 4.93±0.19×10−6 6.01±0.22×10−6 7.29±0.26×10−6 8.79±0.30×10−6

CHN 1.61±0.07×10−6 2.01±0.09×10−6 2.49±0.10×10−6 3.06±0.12×10−6 3.73±0.14×10−6 4.53±0.17×10−6 5.46±0.20×10−6 6.54±0.23×10−6

When analyzing the solubility of TTC in alcohol isomers, it was observed that branching 
decreases solubility when comparing TTC’s behavior in n-PrOH to its behavior in i-PrOH. 
The branching in i-PrOH creates a steric hindrance, making it difficult for the hydroxyl 
group to approach the bulky functional groups of TTC enough to form effective hydrogen 
bonds. In contrast, the linear structure of n-PrOH allows for better interaction. This behavior 
is also influenced by the nature of the solvent (see Figure 3). In amphiprotic solvents such 
as alcohols, TTC exhibits moderate to high solubility, primarily due to their ability to act 
simultaneously as proton donors and proton acceptors in the formation of hydrogen bonds, 
thereby establishing favorable specific interactions with the functional groups of TTC. In 
contrast, TTC exhibits low solubility in nonamphoteric solvents, such as n-Hex and CHN, 
because TTC relies on weak London dispersion forces, which are unable to break the TEC 
network. However, TTC exhibits the highest solubility in DMF, a polar aprotic solvent. 
DMF does not donate protons but exerts strong dipole–dipole forces and acts as a good 
hydrogen-bond acceptor for TTC.

When analyzing the solubility of TTC at 298.15 K as a function of the solvents’ solubility 
parameter (𝛿1), an increasing trend is observed as this value approaches the TTC solubility 
parameter (𝛿2 = 37.37 MPa1/2; see Table 2 and Figure 4). The solubility of TTC in alkanes 
(n-Hex and CHN), which have solubility parameters close to 15 and 16 MPa1/2 [31], is the 
lowest of all the results obtained in this study. In contrast, the solubility of TTC in alcohols 
exhibits a strict positive linear correlation; solubility increases proportionally from n-OcOH 
to methanol. However, DMF deviates from this trend because it has the highest solubility of 
all the solvents tested, with a solubility parameter of 24.80 MPa1/2 [31]. This demonstrates 
that the specific intermolecular interactions in this system predominate over the general 
theoretical prediction of the solubility parameter.
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Figure 3. Solubility of TTC in different organic solvents (▴ = DMF, �: MeOH, ■: EtOH, •: 𝑛-PrOH, 
⋆: i-PrOH, ⊕: 𝑛-BtOH, ∘: 𝑛−OcOH, □: DX, 3: 𝑛−Hex and △: CHN) at 8 temperatures (278.15 K to 
313.15 K).

Table 2. Calculation of the Hildebrand parameter of TTC from group contributions [31].

Group #
Single Total

𝚫U (J/mol) V (cm3/mol) 𝚫U (J/mol) V (cm3/mol)

(−CH3) 3 4.71 33.5 14.1 100.5
(−CH2−) 1 4.94 16.1 4.9 16.1
(>CH−) 3 3.43 −1.0 10.3 −3.0
(>C<) 2 1.47 −19.2 2.9 −38.4
(>C=) 4 4.31 −5.5 17.2 −22.0
(−OH) 3 29.8 10.0 89.4 30.0

(−CO−) 2 17.4 10.8 34.8 21.6
(−N<) 1 4.2 −9.0 4.2 −9.0

(−CONH2) 1 41.9 17.5 41.9 17.5
(−OH adjacent) 2 21.9 13.0 43.8 26.0
Phenyl trisubs 1 31.9 33.4 31.9 33.4
Ring closure-5 3 1.05 16.0 3.2 48.0

Conj ring 2 1.67 −2.2 3.3 −4.4

∑ 302.0 216.3
𝛿2 37.37 MPa1/2

3.1. Solid-State Analysis
To evaluate possible changes in the TTC molecule due to degradation and to identify 

potential structural changes indicative of polymorphism or solvation, we analyzed the solid 
phases at equilibrium in each sample by infrared spectroscopy (IR). The IR spectrum of the 
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pure, high-purity commercial sample was used to compare the results for each sample’s solid 
phases at equilibrium with the saturated solutions. Figure 5 shows the Fourier transform 
infrared (FTIR) spectroscopic analysis, which allows for evaluation of the chemical integrity 
and structural stability of TTC following dissolution in various organic media. The analysis 
uses the spectrum of the high-purity commercial reference sample as a reference in the 
wavenumber range between 4500 cm−1 and 500 cm−1.
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Figure 4. Correlation between the solubility of TTC at 298.15 K as a function of the solubility parameter 
of pure solvents.

When the transmittance profiles of the standard and solid phases recovered from 
solvents are compared, the positions of the wavenumbers and the morphologies of all 
absorption bands are found to correspond. In the high-frequency region between 3650 and 
3200 cm−1, all spectra exhibit the characteristic stretching signals of phenolic and alcoholic 
hydroxyl groups (O–H) and the stretching vibrations of the amide group (N–H) [32]. 
Between 3100 cm−1 and 2500 cm−1, these signals are followed by a set of bands attributable 
to aromatic and aliphatic C–H stretching vibrations, along with intramolecular hydrogen-
bonding interactions [32]. Between 1700 cm−1 and 1200 cm−1, where the fundamental 
vibrations of the naphthacenocarboxamide skeleton are concentrated, including the stretch-
ing vibrations of the ketone (C=O) and amide carbonyl groups, as well as the stretching 
vibrations of the conjugated rings and the bending vibrations of the dimethylamino groups, 
no bathochromic or hypochromic shifts or peak splitting relative to the standard sample 
are observed.

Finally, the overlap observed in the fingerprint region—which lies between 1200 cm−1

and 500 cm−1—allows us to rule out, with a high degree of confidence, the presence of ad-
ditional bands associated with occluded residual solvent or the formation of stable solvates, 
as well as alterations in the crystal packing that might suggest polymorphic transitions. 
Therefore, the results of the eleven spectra indicate that TTC retains its molecular structure 
and original crystalline form, demonstrating that during the experimental equilibration and 
quantification process, the drug exhibits chemical and physical stability in the evaluated 
solvent systems.
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Figure 5. FTIR spectra of tetracycline in various pure solvents within the 4500–500 cm−1 region.

3.2. Thermodynamic Functions of Solution
The calculation of the thermodynamic functions for TCC dissolution based on experi-

mental solubility data (Table 3) is based on van’t Hoff’s analysis, assuming a quasi-ideal 
dilute solution (where the solute activity coefficient tends to unity, 𝑎2 ≈ 𝑥2), so the saturation 
equilibrium constant corresponds to the molar fraction of saturation (𝑥2). Thus, standard 
thermodynamic functions of dissolution take the infinitely dilute solution as the reference 
state for the solute (lim𝑥2→0 𝛾2 = 1); in this state, each dissolved molecule is surrounded ex-
clusively by solvent molecules and obeys Henry’s law. Under this convention, the standard 
state of the solute in solution (𝑎∘

2 = 1) is a hypothetical state with a mole fraction of unity 
(𝑥∘

2 = 1), obtained via linear extrapolation from infinite dilution and in equilibrium with the 
pure crystalline solid (𝑎solid = 1). This allows the activity of the solute to be approximated 
by its mole fraction (𝑎2 = 𝛾2𝑥2 ≈ 𝑥2) in dilute, saturated solutions. Consequently, the ther-
modynamic parameters derived through van ’t Hoff’s analysis directly reflect the specific 
interactions between the solute and the solvent [33]; finally, to avoid the spurious statistical 
correlation between enthalpy and entropy described by Krug, Hunter, and Grieger, the 
thermodynamic analysis is formulated using the harmonic mean temperature (𝑇hm) of the 
experimental interval as a reference [18,34]:

𝑇hm =
𝑛

∑𝑛
𝑖=1

1
𝑇𝑖

(1)

where 𝑛 is the number of temperatures evaluated.
Thus, the experimental data on the solubility of TCC are fitted using the modified 

van’t Hoff equation based on 𝑇hm:

[


𝜕 ln 𝑥2

𝜕(𝑇−1 − 𝑇−1
hm)

]
𝑝

= −
Δsoln𝐻∘

𝑅 (2)

ln 𝑥2 = 𝑎 + 𝑚(
1
𝑇 −

1
𝑇hm

) (3)

When evaluating at 𝑇 = 𝑇hm, the term in parentheses cancels out, so that the intercept 𝑎
and the slope 𝑏 are statistically uncorrelated (zero covariance between estimators); therefore, 
the Intercept (𝑎) corresponds to ln 𝑥2(𝑇hm), and the slope (𝑏) corresponds to − Δ𝐻∘

sol
𝑅 .
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Therefore, the standard Gibbs free energy of the solution evaluated at the harmonic 
mean temperature 𝑇hm is determined directly from the intercept of the fit:

Δ𝐺∘
sol = −𝑅𝑇hm 𝑎 = −𝑅𝑇hm ln 𝑥2 (4)

where, 𝑅 is the gas constant (8.314 J ⋅ mol−1 ⋅ K−1).
Thus, the standard enthalpy of solution is obtained from the slope 𝑏:

Δ𝐻∘
sol = −𝑅 ⋅ 𝑏 = −𝑅(

𝜕 ln 𝑥2
𝜕(1/𝑇 − 1/𝑇hm))

𝑃
(5)

Under the approximation that the specific heat capacity of the solution remains constant 
within the studied temperature range (Δ𝐶∘

𝑝 ≈ 0), Δ𝐻∘
sol is constant and independent of 

temperature within that range.
The solution entropy is calculated from the values of Δsoln𝐺∘, Δsoln𝐻∘, and 𝑇hm:

Δsoln𝑆∘ = (Δsoln𝐻∘ − Δsoln𝐺∘)𝑇−1
hm (6)

Finally, the evaluation of the energy and organizational contributions to Gibbs energy 
is calculated using Equations (7) and (8)

𝜁𝐻 = |Δsoln𝐻∘|(|𝑇Δsoln𝑆∘| + |Δsoln𝐻∘|)−1 (7)

𝜁𝑇𝑆 = 1 − 𝜁𝐻 (8)

Table 3. Thermodynamic functions of the solution process of TTC (2) in some organic solvent at 
𝑇hm = 295.21 K. 

Solvent 𝚫soln𝑮∘ (kJ/mol) 𝚫soln𝑯∘ (kJ/mol) 𝚫soln𝑺∘ (J/mol⋅ K) 𝑻hm𝚫soln𝑺∘ (kJ/mol) 𝜻𝑯 𝜻𝑻𝑺

N,N-dimethylformamide 8.58 ± 0.16 15.01 ± 0.41 21.78 ± 0.09 6.43 ± 0.44 0.636 0.364
methanol 12.36 ± 0.46 27.99 ± 1.57 52.96 ± 0.06 15.63 ± 1.63 0.694 0.306
ethanol 13.04 ± 0.54 31.98 ± 1.98 64.18 ± 0.07 18.95 ± 2.05 0.710 0.290
n-propanol 14.01 ± 0.63 36.04 ± 2.42 74.63 ± 0.07 22.03 ± 2.50 0.720 0.280
i-propanol 15.67 ± 0.79 42.02 ± 3.17 89.28 ± 0.10 26.36 ± 3.27 0.728 0.272
n-butanol 14.97 ± 0.73 40.02 ± 2.92 84.85 ± 0.12 25.05 ± 3.01 0.728 0.272
n-octanol 17.19 ± 0.99 44.99 ± 3.91 94.18 ± 0.11 27.80 ± 4.03 0.724 0.276
1,4-dioxane 15.45 ± 0.32 60.18 ± 1.86 151.50 ± 5.05 44.72 ± 1.88 0.796 0.204
n-hexane 30.30 ± 2.36 30.00 ± 3.50 −1.02 ± 0.03 −0.30 ± 4.23 0.497 0.503
cyclohexane 30.96 ± 2.44 28.95 ± 3.42 −6.82 ± 0.05 −2.01 ± 4.20 0.483 0.517

When analyzing the standard Gibbs free energy of solution (Δsoln𝐺∘), it is observed 
that all values are positive over the evaluated interval, ranging from a minimum of 
8.58 ± 0.16 kJ/mol for DMF to a maximum of 30.96 ± 2.44 kJ/mol for CHN. Since a de-
crease in the magnitude of Δsoln𝐺∘ reflects a direct increase in the solute–solvent thermody-
namic affinity (which translates to higher solubility in mole fraction), it is concluded that 
DMF provides the most favorable molecular environment for the solvation of TTC. Within 
the homologous series of linear alcohols, the value of Δsoln𝐺∘ increases with increasing 
aliphatic chain length, ranging from 12.36 ± 0.46 kJ/mol in MeOH, 13.04 ± 0.54  kJ/mol in 
EtOH, 14.01 ± 0.63 kJ/mol in n-PrOH, and 14.97 ± 0.73 kJ/mol in n-BtOH, until reaching 
17.19±0.99 kJ/mol in n-OcOH. This systematic decrease in affinity is accentuated when there 
is branching in the aliphatic backbone, as evidenced by the increase in Δsoln𝐺∘ in i-PrOH 
(15.67±0.79 kJ/mol) compared with its linear isomer n-PrOH (14.01±0.63 kJ/mol). DX, on 
the other hand, exhibits an intermediate affinity (Δsoln𝐺∘ = 15.45 ± 0.32 kJ/mol), whereas in 
nonpolar hydrocarbons such as n-Hex (30.30±2.36 kJ/mol) and CHN (30.96±2.44 kJ/mol), 
the high Gibbs energy values reflect a low affinity between the solute and the solvent. Upon 
analyzing the energy and organizational components, it is observed that the apparent 
standard enthalpy of solution (Δsoln𝐻∘) is positive in all cases, indicating an endothermic 
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dissolution process. Physically, this indicates that the energy released during the sub-
process of mixing and the formation of new solute–solvent interactions is less than the 
endothermic cost required to overcome the cohesive forces of the drug’s crystal lattice and 
to restructure the solvent molecules to form the cavity that accommodates the solute. DMF 
has the lowest enthalpy value (15.01 ± 0.41  kJ/mol), which may indicate that its specific 
interactions with TTC compensate for the energy expenditure associated with molecular 
separation. For linear alcohols, Δsoln𝐻∘ increases from MeOH (27.99 ± 1.57  kJ/mol) to 
n-OcOH (44.99 ± 3.91  kJ/mol). This increase in energy cost can be attributed to the fact 
that, as the aliphatic chain of the alcohol grows longer, it becomes more energetically costly 
to separate the longer, more cohesive aliphatic chains to create the cavity, while at the same 
time the density of hydroxyl groups capable of releasing energy through solvation decreases. 
Similarly, i-PrOH exhibits a higher enthalpy requirement (42.02 ± 3.17  kJ/mol) compared 
with n-PrOH (36.04 ± 2.42  kJ/mol) and n-BtOH (40.02 ± 2.92 kJ/mol), confirming that the 
steric hindrance of its branched structure weakens the exothermic solute–solvent interac-
tions. The maximum value of Δsoln𝐻∘ is observed for DX (60.18 ± 1.86 kJ/mol), indicating a 
high cost of disrupting the solvent matrix, whereas n-Hex (30.00 ± 3.50 kJ/mol) and CHX 
(28.95 ± 3.42 kJ/mol) exhibit intermediate enthalpy values governed almost exclusively by 
the solute’s melting energy and weak dispersion forces.

As for the apparent standard entropy of solution (Δsoln𝑆∘) and the entropy-energy 
term (𝑇hmΔsoln𝑆∘), they are positive in all polar media (DMF, alcohols, and DX), which 
favors the dissolution process. In DMF, the entropy values are moderate (Δsoln𝑆∘ = 21.78 ±
0.09  J/mol ⋅ K; 𝑇hm Δsoln𝑆∘ = 6.43 ± 0.044 kJ/mol), possibly due to the local ordering 
generated by the specific solvation between the drug and the solvent. As for linear alcohols, 
the entropy Δsoln𝑆∘ increases from 52.96 ± 0.06  J/mol ⋅ K (𝑇hmΔsoln𝑆∘ = 15.63 ± 1.63  kJ/mol) 
in MeOH to 94.18 ± 0.11 J/mol ⋅ K (𝑇hmΔsoln𝑆∘ = 27.80 ± 4.03 kJ/mol) in n-OcOH. This 
increase in entropy gain is closely linked to the increased conformational flexibility and the 
possible denaturation of the long aliphatic chains upon accommodating the TTC molecule, 
which generates a greater number of configurational microstates that compensate for the 
high enthalpic cost of the organic medium. As for DX, the process reaches the maximum 
entropy value (Δsoln𝑆∘ = 151.50 ± 5.05 J/mol ⋅ K; 𝑇hmΔsoln𝑆∘ = 44.72 ± 1.88 kJ/mol). In 
contrast, in the nonpolar solvents n-Hex and CHN, the solution entropy becomes negative 
(Δsoln𝑆∘ of −1.02 ± 0.03 and −6.82 ± 0.05 J/mol ⋅ K, with 𝑇hm Δsoln𝑆∘ of −0.30 ± 4.23 and 
−2.01 ± 4.20  kJ/mol, respectively). In these two hydrocarbons, the process suffers a double 
thermodynamic penalty (it is endothermic and exhibits an entropy loss due to structural 
confinement of the solute by the solvent), which conclusively explains the nearly zero 
affinity of TTC in these media.

Finally, evaluating the relative enthalpy (𝜁𝐻) and entropy (𝜁𝑇𝑆). In DMF, for all alcohols 
and DX, the enthalpic coefficient (𝜁𝐻, ranging from 0.636 in DMF to 0.796 in DX and from 
0.694 to 0.728 for the alcohol series) clearly predominates over the entropic coefficient (𝜁𝑇𝑆, 
ranging from 0.204 to 0.364). In general, although entropy is positive, which favors the 
process, the enthalpy term is the largest contributor to the Gibbs energy, possibly due to the 
greater energy associated with solute–solvent molecular interactions. In nonpolar solvents, 
such as n-Hex (𝜁𝐻 = 0.497, and 0.503 for the entropic coefficient) and CHN (𝜁𝐻 = 0.483, and 
0.517 for the entropic coefficient), there is a balance, with a slight numerical predominance 
of the entropic term over the enthalpic term, which may be related to interactions between 
the solute and the solvent that are energetically lower compared with the dissolution process 
in other solvents.
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3.3. Analysis of the Effect of the Solvent Using the KAT-LSER Model
To quantitatively describe the linear characteristics of Gibbs free energy in the solute–

solvent system and elucidate the effect of solvation on the dissolution process at the molec-
ular level, Kamlet, Abboud, and Taft developed the linear solvation energy relationship 
(LSER) model (also known as the Kamlet–Abboud–Taft (KAT) LSER). This thermodynamic 
formalism posits that any property of the transfer or dissolution process that depends on 
free energy is the sum of the endothermic work needed to overcome the solvent’s cohesive 
forces to create a cavity large enough for the solute and the energy change from the spe-
cific and non-specific interactions when the solute molecule is incorporated into the liquid 
environment. This is generally expressed by the following equation [35]:

XYZ = XYZ0 + cavity formation energy + ∑ solute–solvent interaction energy (9)

Where XYZ represents the solvent-dependent thermodynamic property, which corre-
sponds to the natural logarithm of solubility in mole fraction (ln 𝑥) in phase-equilibrium 
studies, and XYZ0 is the reference parameter or intercept of the model in the absence of 
environmental perturbations [36].

Applying this theoretical expression to the study of solid–liquid equilibrium, incor-
porating the Kamlet–Taft solvatochromic parameters and Hildebrand’s cohesive energy 
density yields a multiparameter linear expression linking the electronic and structural 
properties of solvent and solute molecules, as defined by the following equation [22–24]:

ln 𝑥 = 𝑐0 + 𝑐1𝜋∗ + 𝑐2𝛽 + 𝑐3𝛼 + 𝑐4(
𝑉𝑠𝛿2

1
100𝑅𝑇 ) (10)

The first three descriptors (𝜋∗, 𝛽 and 𝛼) quantify the energy contribution of solute–
solvent attractive forces. The parameter 𝜋∗ expresses the dipolarity/polarizability of the 
selected solvent. This reflects its ability to stabilize solute charges or dipoles through 
electrostatic and non-specific dispersion forces. The parameter 𝛽 refers to hydrogen-bond 
basicity, or the solvent’s hydrogen-bond accepting capacity. The parameter 𝛼 describes 
hydrogen-bond acidity, or the solvent’s hydrogen-bond donating capacity. The fourth term 
(𝑉𝑠𝛿2

1/100𝑅𝑇) models the energy required for cavity formation as a function of the liquid 
medium’s autocohesiveness. Here, 𝑉𝑠 corresponds to the molar volume of the solute; 𝛿1
represents the Hildebrand solubility parameter of the pure solvent; 𝑅 is the universal ideal 
gas constant and 𝑇 is the absolute temperature of the system. The numerical factor 100𝑅𝑇 in 
the denominator makes the energy term dimensionless and scales it appropriately. Multiple 
linear regression analysis is used to determine the independent term 𝑐0, which represents 
the intrinsic reference solubility when 𝜋∗ = 𝛽 = 𝛼 = 𝛿1 = 0, as well as the susceptibility 
coefficients 𝑐1, 𝑐2, 𝑐3, and 𝑐4, whose magnitudes and algebraic signs describe the strength and 
direction of the interactions between the solute and solvents. Specifically, positive values of 
the coefficients 𝑐1, 𝑐2, or 𝑐3 indicate that an increase in the solvent’s dipolarity, polarizability, 
or hydrogen-bonding capacity thermodynamically favors dissolution. Negative values 
indicate that these specific or nonspecific interactions are unfavorable for drug solvation. 
Similarly, a negative 𝑐4 coefficient demonstrates that solubility is inversely correlated with 
the solvent’s self-cohesiveness. This confirms the unfavorable nature of the work required 
to break the pure liquid’s associated structure during cavity formation [23,37].

The analysis of the intermolecular interactions that govern the dissolution process 
of tetracycline (TTC) at 298.15 K in pure organic systems using the Kamlet–Abboud–Taft 
linear solvation energy relationship (KAT-LSER) model is described by the equation (see 
Table 4):

ln(𝑥2) = −11.5269 + 1.4617𝛼 + 0.2093𝛽 + 9.7953𝜋∗ − 1.0216𝐶 (11)
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Table 4. Coefficient and statistical values for Equation (11).

Variable Coef Std Err t p > |t| [0.025 0.975]

𝑐0 −11.5269 0.992 −11.624 0.000 −14.076 −8.978
𝑐1 1.4617 1.957 0.747 0.489 −3.568 6.492
𝑐2 0.2093 2.501 0.084 0.937 −6.219 6.637
𝑐3 9.7953 3.025 3.238 0.023 2.020 17.571
𝑐4 −1.0216 4.046 −0.253 0.811 −11.422 9.378

 

Standard Errors assume that the covariance matrix of the errors is correctly specified.

The equation was calculated based on the experimental solubility values of TTC at 
298.15 K in 10 organic solvents (see Table 1) and the respective values of the Hildebrand 
solubility parameter and the solvatochromic parameters of each of the pure solvents (see 
Table 5).

Table 5. Hildebrand solubility parameters (𝛿1) and solvatochromic parameters (𝛿, 𝛼, 𝛽, 𝜋∗) or the 
selected solvents [31,38].

Solvent 𝜹/MPa1/2 𝜶 𝜷 𝝅∗

N,N-dimethylformamide 24.80 0.88 0.00 0.69
methanol 29.7 0.60 0.98 0.66
ethanol 26.1 0.54 0.86 0.75
n-propanol 24.9 0.52 0.84 0.90
i-propanol 23.4 0.48 0.76 0.84
n-butanol 23.7 0.47 0.84 0.84
n-octanol 21.1 0.40 0.77 0.81
1,4-dioxane 20.07 0.55 0.00 0.37
n-hexane 15.0 -0.11 0.00 0.00
cyclohexane 16.08 0.00 0.00 0.00

The term 𝐶 (𝑉𝑠𝛿2
1/100𝑅𝑇) quantifies the energy requirement for cavity formation as 

a function of the molar volume of the solute and the square of the Hildebrand solubility 
parameter of the solvent (𝛿2

1) [24,37].
Results from a statistical analysis of the model using multiple linear regression with 

ordinary least squares (OLS) and based on data from 10 pure organic solvents show mathe-
matical robustness. This robustness is supported by a multiple correlation coefficient of 
0.9932 and coefficients of determination (see Table 6). These coefficients indicate that the 
model explains 98.64% of the total variance (𝑅2 = 0.986) and 97.55% of the experimental 
variance in solubility, adjusted for degrees of freedom (𝑅2

adj = 0.976). The model’s overall 
validity is confirmed by a low residual sum of squares (RSS = 1.1183) and a significant 
F-statistic of 90.77 (𝑝 = 7.4534 × 10−5).

The diagnostic statistics (see Table 6) also validate the model’s parametric assumptions. 
The Durbin–Watson statistic (2.062, close to the ideal value of 2.0) shows that the residuals 
are independent and free of autocorrelation. The omnibus (2.422, 𝑝 = 0.298) and Jarque-
Bera (0.455, 𝑝 = 0.797) normality tests, together with moderate skewness (−0.470) and 
kurtosis (3.457, close to the normal value of 3.0), show that the errors follow a normal 
distribution. The condition number (57.4) indicates moderate and acceptable collinearity 
among the organic descriptors.
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Table 6. Statistical summary of the ordinary least squares (OLS) regression and diagnostic statistics 
for the residuals of the KAT-LSER model for tetracycline. 

Parameter Value Parameter Value

Dependent variable ln 𝑥2 𝑅2 0.986
Model OLS Adjusted 𝑅2 0.976
Method Least squares 𝐹-statistic 90.77

Prob (𝐹-statistic) 7.45 × 10−5

Statistician Value Statistician Value

Omnibus 2.422 Durbin–Watson 2.062
Prob (Omnibus) 0.298 Jarque–Bera (JB) 0.455
Skewness −0.470 Prob (JB) 0.797
Kurtosis 3.457 Condition No. 57.4

By analyzing the magnitude, sign, and statistical significance of each regression coeffi-
cient, we can elucidate the molecular mechanisms that promote or inhibit drug solvation 
in organic media (see Table 6). The intercept is statistically significant (𝑐0 = −11.5269, 
𝑡 = −11.624, 𝑝 < 0.001), and its negative value reflects the energy barrier associated with 
strong solute–solute interactions within the TTC crystal lattice that must be overcome for 
incorporation into the liquid phase. Upon analyzing the dissolution-favoring terms, it was 
observed that the three solvatochromic parameters had positive signs: polarizability/dipo-
larity (𝜋∗ with 𝑐3 = 9.7953, 𝑡 = 3.238, and 𝑝 = 0.023), hydrogen-bond-donating acidity 
(𝛼 with 𝑐1 = 1.4617, 𝑡 = 0.747, and 𝑝 = 0.489), and hydrogen-bond-accepting basicity (𝛽
with 𝑐2 = 0.2093, 𝑡 = 0.084, and 𝑝 = 0.937). The 𝜋∗ term is the only statistically significant 
explanatory variable at the 95% confidence level, accounting for 76.04% of the total variance. 
This shows that, in organic solvents, TTC’s solvation is primarily governed by dipole–dipole 
interactions, induced dipole–dipole interactions, and forces acting on the drug’s polar cen-
ters and electron-rich 𝜋-conjugated tetracyclic system. Meanwhile, the 𝛼 term represents 
the second-largest relative contribution (17.27%), and the 𝛽 term contributes minimally 
(1.93%). Although both terms have positive signs, consistent with the amphiprotic sta-
bilization of TTC’s functional groups (carbonyl oxygens, amide group, dimethylamino 
group, and multiple hydroxyl groups), their 𝑝 > 0.05 values indicate that the variability 
of hydrogen-bond interactions within this organic subset is statistically subsumed by the 
strong predictive power of the 𝜋∗ descriptor.

In contrast, the term corresponding to cavity formation (C, with 𝑐4 = −1.0216, 
t = −0.253, and p = 0.811) is the only one with a negative sign. This confirms the en-
dothermic nature associated with overcoming the solvent’s cohesive energy density (𝛿2

1) 
and accommodating the bulky TTC molecule (V = 216.3 cm3/mol).

Finally, comparing the logarithm of the experimental solubility (ln 𝑥exp) to the calcu-
lated solubility (ln 𝑥calc) shows the KAT-LSER model’s ability to predict solubility across 
more than three orders of magnitude in mole fraction when fitted for ten pure solvents. The 
alcohol series and the protic and aprotic polar solvents fall within the tolerance range of 
±0.5 logarithmic units relative to the ideal correlation line (𝑦 = 𝑥), which reduces relative 
errors in mole fraction (see Table 7 and Figure 6a).

Specifically, outstanding accuracy is achieved for n-PrOH (residue of 0.0075; relative 
error of 0.75%), followed by MeOH (residue of −0.0586; error of 6.03%), n-BtOH (residue 
of 0.0794; error of 7.63%), n-OcOH (residue of −0.1110; error of 11.74%), DMF (residue of 
−0.1248; error of 13.3%), i-PrOH (residue of −0.1881; error of 20.69%), and EtOH (residue of 
0.2474; error of 21.92% error), and DX (0.3072 residue; 26.45% error). The only discrepancies 
greater than half a logarithmic unit are limited to the nonpolar hydrocarbons n-Hex and 
CHN. The residue of n-Hex is 0.5827 with a relative error of 44.16%, and the residue of CHN 

https://doi.org/10.3390/liquids6040035

https://doi.org/10.3390/liquids6040035


Liquids 2026, 6, 35 14 of 17

is −0.7417 with a relative error of 109.96%. The total absence of dipole moment and specific 
interactions results in extremely low solubilities (on the order of 10−6), which amplifies any 
numerical variation when converting from the logarithmic scale to direct mole fraction in 
percentage terms.

Figure 6b shows the results of the KAT-LSER solvation model on a linear scale. Similar 
to the logarithmic scale, the linear scale shows good agreement between the experimental 
and calculated data, except for DX and CHN, for which the relative error exceeds 44%.

Table 7. Solubility of TTC in different solvents calculated using the KAT-LSER model. 

Solvent ln(𝒙Exp) ln(𝒙Calc)
Residual 

[ln] 𝒙Exp 𝒙Calc
Relative 

Error (%)

N,N-dimethylformamide −3.4358 −3.3109 −0.1248 3.2200 × 10−2 3.6482 × 10−2 13.30%
methanol −4.9240 −4.8654 −0.0586 7.2700 × 10−3 7.7085 × 10−3 6.03%
ethanol −5.1832 −5.4306 0.2474 5.6100 × 10−3 4.3804 × 10−3 21.92%
n-propanol −5.5623 −5.5698 0.0075 3.8400 × 10−3 3.8112 × 10−3 0.75%
i-propanol −6.2146 −6.0266 −0.1881 2.0000 × 10−3 2.4138 × 10−3 20.69%
n-butanol −5.9408 −6.0201 0.0794 2.6300 × 10−3 2.4293 × 10−3 7.63%
n-octanol −6.8216 −6.7106 −0.1110 1.0900 × 10−3 1.2179 × 10−3 11.74%
1,4-dioxane −6.1140 −6.4212 0.3072 2.2117 × 10−3 1.6268 × 10−3 26.45%
n-hexane −12.2222 −12.8049 0.5827 4.9200 × 10−6 2.7472 × 10−6 44.16%
cyclohexane −12.4991 −11.7574 −0.7417 3.7300 × 10−6 7.8314 × 10−6 109.96%
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Figure 6. Correlation between experimental solubility and solubility calculated using the KAT-LSER 
solvation model in 10 pure solvents. The red dashed line indicates the ideal correlation (𝑦 = 𝑥), and 
the shaded area represents a tolerance margin of ±0.5 logarithmic units in the graph at Thm = 295.21 K. 
(a) Logarithmic scale (b) Linear scale. 

4. Conclusions
The equilibrium solubility of tetracycline in ten pure organic solvents increases sys-

tematically with temperature between 278.15 K and 313.15 K, reaching its maximum value 
in N,N-dimethylformamide and its minimum in cyclohexane, while it decreases in alcohols 
as the aliphatic chain becomes longer or more branched. FTIR analysis confirmed that 
the drug retains its chemical integrity and original crystalline structure without exhibiting 
polymorphism. According to the Gibbs–van’t Hoff–Krug model, dissolution is endothermic 
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(Δsoln𝐻∘ > 0) and is favored primarily by enthalpy in polar media. Finally, the KAT-LSER 
model demonstrated that solvation is governed primarily by the dipolarity/polarizability 
(𝜋∗) of the solvent.
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Abbreviations
 The following abbreviations are used in this manuscript:

a Intercept of the van’t Hoff–Krug equation
aa-tRNA Aminoacyl-transfer ribonucleic acid
AMR Antimicrobial resistance
ARGs Antibiotic resistance genes
C Cavity formation energy term (and Kelvin for temperature units)
𝑐0 Reference intercept of the KAT-LSER model
𝑐1, 𝑐2, 𝑐3, 𝑐4 Susceptibility coefficients of the KAT-LSER model
CHN Cyclohexane
DMF N,N-Dimethylformamide
DX 1,4-Dioxane
EtOH Ethanol
FTIR Fourier-transform infrared spectroscopy
i-PrOH i-Propanol (Isopropanol)
IR Infrared spectroscopy
JB Jarque–Bera normality statistic
KAT-LSER Kamlet–Abboud–Taft Linear Solvation Energy Relationship
LSER Linear Solvation Energy Relationship
m Slope of the van’t Hoff–Krug equation
MeOH Methanol
n-BtOH n-Butanol
n-Hex n-Hexane
n-OcOH n-Octanol
n-PrOH n-Propanol
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OLS Ordinary least squares
p Experimental pressure
R Universal gas constant (8.314 J/mol ⋅ K)
𝑅2 Coefficient of determination
𝑅2

adj Adjusted coefficient of determination
RSS Residual sum of squares
T Study temperature
𝑇hm Harmonic mean temperature (295.21 K)
TTC Tetracycline
UV/Vis Ultraviolet–visible spectrophotometry
𝑉𝑠 Molar volume of the solute
WWTPs Wastewater treatment plants
𝑥2 Mole fraction solubility of tetracycline
𝑥exp, 𝑥calc Experimental and calculated mole fraction solubility
𝛼 Kamlet–Taft hydrogen-bond donating acidity
𝛽 Kamlet–Taft hydrogen-bond accepting basicity
𝜋∗ Kamlet–Taft dipolarity/polarizability parameter
𝛿1, 𝛿2 Hildebrand solubility parameter of the solvent (1) and solute (2)
Δ𝑈 Cohesive energy
Δsoln𝐺∘ Apparent standard Gibbs energy of solution
Δsoln𝐻∘ Apparent standard enthalpy of solution
Δsoln𝑆∘ Apparent standard entropy of solution
𝜁𝐻 Relative enthalpic contribution to the standard Gibbs energy of solution
𝜁𝑇𝑆 Relative entropic contribution to the standard Gibbs energy of solution
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