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The alkyl substituent effect on the intermolecular hydrogen-bonding properties of tertiary amides has been
investigated experimentally and theoreticallyN-Dimethylformamide (DMF)N,N-diethylformamide (DEF),
N,N-diisopropylformamide (DIF)N,N-dimethylacetamide (DMA)N,N-diethylacetamide (DEA), antll,N-
diisopropyl acetamide (DIA) were chosen as proton acceptors for thioacetamide (TA) ins@Gtion.
Thermodynamic parameters for the interaction of tertiary amides with TA have been measured by near-
infrared (NIR) absorption spectroscopy. For DMF, DEF, and DIF, the standard enthalpy change of 1:1
hydrogen-bonded complex formation is abett9.5 kJ/mol and the equilibrium constant at 298 K is about

60 M~1. For DMA, DEA, and DIA, the standard enthalpy change increases fra$9 to—19.8 kJ/mol and

the equilibrium constant at 298 K decreases from 65 to 50, s the alkyl group becomes bulky. The IR

data of N-H stretching vibrations of TA are very consistent qualitatively with the NIR thermodynamic data.
The temperature dependence of proton NMR chemical shift has been examineeHsrdfI TA to understand

the characteristics of hydrogen bonding. We suggest that more hydrogen-bonding interaction via the hydrogen
syn to the sulfur atom of TA could take place in the formamide series, compared to the acetamide series. The
proton affinity of these tertiary amides is calculated by using HF/&@31, HF/6-31G**, and B3LYP/
6-31G** levels of ab initio molecular orbital theory.

1. Introduction on the nitrogeR.Morganiti and Kollman reported that theoretical
Polypeptides are usually inherently flexible, but they adopt solvation free energy increases monotonically with the methyl

a compact and highly ordered conformation to perform the addition®

biological functions. The conformation is constrained by maxi- ~ For a series of simple amides, the rotational barrier around

mum binding energy interactions between the peptide linkagesthe C-N bond in the gas phase has been recently investigated,

in either hydrophilic or hydrophobic environments. To under- showing that the rotational barrier decreases as the size of alkyl

stand many factors determining the polypeptide structure, simplesubstituent increases and is less affected by the substituent on

amide systems have been investigated extensively for manythe N-site than by that on the C-site of the carbonyl groud.

years!—10 The rotational barrier of thioamide was found to be higher than
A number of experimental and theoretical works have focused that of amide, by experiments and theoretical calculatién's.

on the formation of amideamide hydrogen bonds, but the alkyl These results cannot be explained simply by using the elec-

effect on the intrinsic binding energy betweer-N and G=0O tronegativity or steric effects of substituents.

groups is still not completely understood. Le Questel et al. | this paper, we have explored the alkyl substituent effect
measured the complex formation constant of 4-fluorophenol with o, the intermolecular hydrogen-bonding formation between thio-
secondary and tertiary amides, showing a greater decrease With, catamide (TA) as a proton donor and tertiary amide as a proton
the alkyl substituents on the carbonyl carbon than on thg acceptor in a nonpolar solvent, GCby using near-infrared
nitrogen? Hansen and Swenson reported t_he thermo_dynz_amm (NIR), infrared (IR), and protontd) nuclear magnetic resonance
parameters for _bD—amlde hydrog_en-_bondlng f"m.‘_a“F’” n (NMR) spectroscopic techniques. Tertiary amides are six sym-
CCly.2 For l,—amide complex formation in Cglthe equilibrium etricalN,N-dialkyl-substituted amides such Bs\-dimethyl-
constant and thermodynamic data were measured by Drago egrmamidé (DMF), N, N-diethylformamide (DEE)N,N-diiso-
al? These data were simply explained by using inductive and propylformamide (bli:)N N-dimethylacetamide (DMA)N N
steric effects of alkyl substituents. However, Wolfenden studied diethylacetamide (DEA) ,arN N-diisopropylacetamide &[’)IA)
the solvation free energy of highly polar amides in Water.and The NIR spectroscopic’techhique has provided very accu.rate
suggested a nonadditive effect by the methyl group substituted measurements of the thermodynamic parameters for the hydrogen-
* Corresponding authors. E-mail: yschoi@kuccnx.korea.ac.kr. E-mail: bonding formation of TA with various proton a(_:cepté%s?s _
parkjih@tiger.korea.ac.kr. The temperature dependence of the chemical shifts of the amide
léﬂ[)esi #Exle\/f:gt Seoul. proton has been widely used as a tool for studying the hydrogen
v bond of peptided>?6 It is known that the intermolecular
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I'Korea University, Chungnam. hydrogen-bonded amide protons can display a large temperature
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dependence of the chemical shift relative to the free amide (A)
protons in a nonpolar solvent. Therefore, the chemical shift and 0.014
its temperature dependence could be correlated with the
thermodynamic data of TAamide hydrogen bonding. To 0.012
compare with the experimental results, we have calculated ab
initio proton affinity (PA) values for these tertiary amides. 0.010
2. Experimental Section 0.008
2.1. Reagent and Sample PreparatioriThioacetamide (TA)
(Aldrich, 99%) was dried at room temperature under a reduced 0.006
pressure for 24 h and stored in a nitrogen-filled glovebox. DMF
(Aldrich, 99%), DEF (Aldrich, 99%), DIF (Aldrich, 98%), DMA 0.004
(Aldrich, 99.8%), DEA (Merck, 97%), DIA (Aldrich, 99%), and
CCl; (J. T.Baker, HPLC grade) were dried by adding 4 A 0.002
molecular sieves (Aldrich) without further purification. Because
of low solubility (~10 mM) of TA in CClL, we prepared a 0.000 ‘ . .
concentrated stock solution by mixing TA with tertiary amides 1950 1960 1970 1980 1990
in CCl, and diluted it by adding CGl The molar concentration Wavelength (nm)
ratio of TA (2.7-8 mM) to tertiary amides was 1:5. All samples
were prepared in a nitrogen-filled glovebox. (B)

2.2. Instruments. Near-IR and IR Spectroscopyhe NIR 0.020
absorption spectrum of TA/amide/Colution was measured
by using a Cary 5G UV VIS—NIR spectrophotometer (Varian
Inc.). The 1-cm path length quartz cells were used. Since we 0.0t
studied the NIR absorption band of TA, the absorption due to

0.018

the amide and CGlwas eliminated by placing a matching cell oo
containing an equal amount of the amide in the path of the 0.0121
reference beam. The sample and reference cells were placed in 0.0tk
a multicell holder (Varian Inc.) connected to a constant

temperature controller (Varian Inc.). The temperature range was 0.008
278-328 K, and temperature fluctuation during the measure- 0.006 F
ment was less that#0.1 K. The cell compartment was purged 0,008

by nitrogen gas passing through calcium chloride, to remove
the humidity. The baseline was always checked before the 0.002
measurement. The Peak Fit (AISN Software Inc.) program was
used for the nonleast-squares fit of the NIR absorption band by
a GaussiarLorentzian product function. The program termi-
nates its iteration whep? was less than k 1077

NMR SpectroscopyProton {H) NMR measurements as a  Figure 1. (A) The v%’,, + Amide Il combination band of 8.0 mM
function of temperature (283313 K) were performed by using ~ TA with 40.0 mM DMA in CCL at various temperatures, showing an
a Varian Unity plus 600 spectrometer which operates at 599.7 isosbestic point. (B) Computer-resolveff , + amide Il band of 4.6
iz Field omogenety was optmized by using COlo T TA Wih 7.6 ¥ DA 1 CCl a 58 € s cicec®)
f'eld, I,OCk was used d““"9 the data acquisition. The sample was the resolved monomeric band, and the hydrogen-bonded band, respéc-
equilibrated for 26-30 min at a set temperature and then the ey
NMR spectrum accumulated 256 times. Tetramethylsilane
(TMS) was used as a reference for all chemical shifts. The cell  HereAE°e.represents the difference between the electronic
temperature was measured by using a thermocouple gaugesnergies of the products and the reactants at AZRE is the
located inside the probe compartment and checked by measuringjifference in the zero-point energies of Bland B, AE,in(T)
the chemical shifts of pure methanol. The temperature deviation gccounts for the change in the population of the vibrational
was less than 1 K. The resolution of thed NMR spectrum levels at temperaturd, and the last term incorporates the
was 0.4577 Hz. classical correction for translatioHART per degree of freedom),

2.3. Computations.Computations were carried out using the  rotation (1/RT per degree of freedom), and the conversion
Gaussian 94W prograthoperated on a Pentium Il 400 MHz  factor of energy to enthalpyAnRT).

PC. All possible geometries for the tertiary amides were

examined by using the AM1 semiempirical metif8@nd then 3. Results

the most stable conformer was selected. The geometry of 31 petermination of Thermodynamic Parameters for the

|s_|t§/ble coTIormer was fully opiLmlzed ?gothe HF/6+33*, Hydrogen-Bonding Formation between TA and Tertiary
6-31G*, and B3LYP/6-31G™ leveld® Amide Using the NIR Spectrum. We chose thevy ,, +

Proton affinity (PA) is defined as the negative value of amide 11 combination band of TA to investi
i i gate the hydrogen-
enthalpy change for the B(g) H™(g) — BH*(g) reaction. For bonding formation between TA and tertiary amide, since this

evaluation of the absolute PA value, the following equation was band has a large absorption coefficient and little interference

15
used: from other peaks* The v{’,, + amide Il combination bands
of 8.0 mM TA with 40.0 mM DMA in CC} at various
temperatures are shown in Figure 1A. The peaks at 1968 nm

0.000 s> , , s
1950 1960 1970 1980 1990

Wavelength (nm)

PA(B) = —AE°,,..— AZPE+ AE,(T) + 5/2RT

elec
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TABLE 1: Equilibrium Constants and Thermodynamic Parameters for the Hydrogen-Bonding Formation of TA with DMF,
DEF, DIF, DMA, DEA, and DIA in CCl 4 Solution

proton proton equilibrium constant
donor acceptor 278 K 288 K 298 K 308 K 318 K 328K  AH?(kJ/mol) AS° (J/(mol K))
TA DMF 105.9 80.2 62.0 48.2 36.7 30.2 —19.7+£ 0.5 —31.9+1.0
DEF 100.4 76.0 56.6 455 35.7 37.2 —19.6+ 0.5 —32.0+£1.0
DIF 106.4 72.4 60.5 44.6 36.9 29.2 —19.3+0.3 —30.9+ 0.5
DMA 116.5 84.4 64.9 50.8 38.8 31.2 —18.9+£0.2 —28.9+ 0.5
DEA 104.9 79.9 56.0 45.2 37.6 27.3 —19.3+0.2 —-31.1+0.2
DIA 90.3 70.3 49.5 39.3 31.1 25.2 —19.8+0.3 —33.6+£ 0.6

(5081 cnt!) and 1978 nm (5056 cm) are assigned to
monomeric TA and hydrogen-bonded TA, respectively. As the I
temperature increases, the absorption intensity of monomeric 38t
band increases, but that of the hydrogen-bonded band decreases. i
The spectra show an isosbestic point, which indicates the I
equilibrium of only two species, monomeric and hydrogen- 34
bonded TA. In the temperature range between 278 and 328 K, -
the formation of 1:2 hydrogen-bonded complexes was not found. [
Each of monomeric and hydrogen-bonded TA absorption bands 30
is well fitted by a GaussianLorentzian product function, as :
shown in Figure 1B. The sum of two band areas is found to be 28
independent of temperature within experimental error, indicating 2%
that the integrated absorption coefficients of monomer and L P T L
complex bands are the same. 30 31 32 33 34 35 36
We noticed a shoulder on th&’ , + amide Il combination 1T x 10%(K™)

band of TA/CC} at about 1971 nm. After deconvoluting the
band by GaussianLorentzian product functions, we found a
weak band whose area always occupies 22.7% of the total band H TA-DMA
area, independently of the temperature and concentration of TA. 38 A TA-DEA
Since this unknown band appears at the same position of the ® TA-DIA

O TA-DMF
A TA-DEF
O TA-DIF

R InK

hydrogen-bonded band, we corrected the hydrogen-bonded band 36

by subtracting this ban®:-23 We found that self-association of 34

TA is negligible until the concentration of 8 mM in the = I~
@

temperature range of 27828 K. [
The equilibrium of hydrogen bond formation and its equi- 30

librium constantsK) are expressed by following equations: -
28

TA + acceptor> TA:acceptor 2
K= Cl:llcmonocfree C1:1/Cm0n0= CfreeK (1) 3.0 ’ 3t1 31_2 : 3?3 ‘ 3i4 ‘ 3t5 3?6
where Cy.1 is the concentration of the hydrogen-bonded TA, 1T x 107K
Cmono IS the concentration of monomeric TA, a@ee is the Figure 2. Plot of R In K vs 1/T for the formation of 1:1 TAN,N-
concentration of the free proton acceptors. The rati€ofto dialkylacetamide hydrogen-bonded complexes.

Cmonois obtained directly from the area of two resolved bands,
since the integrated absorption coefficients of two bands are series, compared to the acetamide series. DMF can form a more
the same. The linear fit fo€1:1/Cmono VS Ciree plot yields the stable hydrogen-bonded complex with TA than DMA, but the
equilibrium constantK). Instead of using activity, the concen-  equilibrium constant of DMF is slightly smaller than that of
tration was used as an approximation. Table 1 lists the DMA.
equilibrium constants for the formation of 1:1 hydrogen-bonded  3.2. IR Spectrum for the N—H Stretching Vibration. The
complex in the temperature range 2788 K. The equilibrium IR absorption bands of TA at the-N\H stretching vibration
constants at 298 K are 62 5, 57+ 5, 61+ 5, 65+ 5, 56 + region, 3056-3550 cnT!, have been measured. Figure 3A
5, and 50+ 5 M~ for DMF, DEF, DIF, DMA, DEA, and DIA, shows the IR spectrum of 3.0 mM TA with 18.0 mM DMF,
respectively. DEF, and DIF, and Figure 3B is that with DMA, DEA, and
Thermodynamic parameters can be calculated from the van'tDIA, in CCl,; at 298 K. Each peak has been assigned as
Hoff equation, (InK)/d(1/T) = —AH°/R. TheR In K vs 1/T follows 3132 Peak 1 is the NEHasymmetric stretching of free
plots are shown in Figure 2. The values of thermodynamic TA, peak 2 is the NkH asymmetric stretching of the 1:1 TA:
parameters are listed in Table 1. TieH°® values for the amide complex, and peak 3 is the bisiymmetric stretching of
formation of the 1:1 hydrogen-bonded complex ar&9.7 + free TA. Peaks 4 and 5 resulted from the Fermi mixed resonance
0.5, —19.6 £ 0.5, and—19.3 £+ 0.3 kJ/mol, for DMF, DEF, between symmetric NH stretching and overtone of NH
and DIF, respectively. ThAH® values are-18.9+ 0.3,—19.3 bending of the 1:1 TA-amide complex.
+ 0.3, and—19.8 £ 0.3 kJ/mol, respectively, for DMA, DEA, Free TA peaks 1 and 3 did not shift at 3506 and 3390%¢m
and DIA, showing an increase with the size of alkyl group. It respectively. However, TAamide complex peaks 2, 4, and 5
is noted that the alkyl substituent effect on the equilibrium are influenced by the proton acceptors. In the presence of DMF,
constant and\H° value is almost negligible in the formamide DEF, and DIF, the positions of peak 4 are 3310, 3310, and 3307
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Figure 3. IR spectrum of 3.0 mM TA with 18.0 mM (A) DMF, DEF,
and DIF and (B) DMA, DEA, and DIA in CGlat 298 K.

cm! and those of peak 5 are 3202, 3200, and 3199%m
respectively. Therefore, the differenck)(of peaks 4 and 5 is
108, 109, and 108 cnt for DMF, DEF, and DIF, respectively,

J. Phys. Chem. A, Vol. 104, No. 23, 2008675

TABLE 2: N —H Stretching IR Band Position of 1:1
TA:Amide Hydrogen-Bonded Complex for 3.0 mM TA/18.0
mM N,N-Dialkylamides/CCl,

proton N
donorproton IR peak position (cmt)
acceptor V2 i Vs Avd(cmY)
TA—DMF 3464 3310 3202 108
TA—DEF 3463 3310 3201 109
TA-DIF 3461 3307 3199 108
TA—DMA 3461 3300 3196 104
TA—DEA 3460 3302 3192 110
TA—-DIA 3458 3302 3190 112

aAv = vy — vs (cmY), the difference between the peak positions
of v4 andws, in cm2.

have proved that TA is in free form under our experimental
conditions. In amide, it is known that the proton sggr¢H) to

the carbonyl oxygen experiences the greater shielding and thus
resonates at the higher field than the proton aariti¢H) to the
carbonyl oxygers? Consistently, the downfield and upfield
signals of TA can be assignedaati-H andsynH to the sulfur
atom, respectively. Since TA is the stronger acid than acet-
amide3* free N—Hs of TA resonate downfield relative to those
of amide that resonate around 6 ppm in noncompetitive solvent,
e.g. CHCIl, and CHC4.3® The temperature dependence of
chemical shift A6/AT) was measured as5.6 and—2.0 ppb/K

at the temperature of 28313 K, for anti-H and synH,
respectively, as shown in Figure 4.

For 1:5 TA:amide solutions, the chemical shifts afti-H
andsynH have been measured. In the presence of DMA, DEA,
and DIA, anti-H resonates at 7.68, 7.74, and 7.76 ppmsyreH
resonates at 7.61, 7.57, and 7.51 ppm, respectively, at 298 K.
As the alkyl group becomes bulkgnti-H and synH shift to
the downfield and to the upfield, respectively, as shown in
Figure 4A. TheAd/AT values ofanti-H are—17.7,—19.2, and
—21.6 ppb/K, respectively, for DMA, DEA, and DIA, showing
an increase as the size of alkyl group increases. ABRAT
value ofsynH is about—8 ppb/K, which is less than that of
anti-H. The AO/AT values of two N-Hs are much larger than
those of free TA. TheAd/AT values are listed in Table 3.

For TA:DMF solution, the chemical shifts of two-\Hs are
7.46 and 7.35 ppm at 298 K. As the temperature increases, the
separation of two peaks becomes larger, as shown in Figure
4B. As the temperature decreases to 283 K, two peaks merge
into one peak. ThAJ/AT values are measured a¥9.5 and
—16.7 ppb/K for the downfield and upfield peaks, respectively.
Since theAd/AT value ofanti-H is always larger than that of
synH in TA:acetamide solutions, it is reasonable to assign the
downfield and upfield peaks &ynH and toanti-H, respectively.

In the case of DEF, a coalescent peak at 7.4 ppm starts splitting
into two peaks as the temperature increases from 298 K. The

which is almost unchanged. The intensities of peaks 2, 4, and A§/AT values ofsyn andanti-Hs are—10.0 and—16.2 ppb/
5 also remain almost the same. In the presence of DMA, DEA, K, respectively. For DIF, a coalescent peak also splits into two
and DIA, the positions of peak 4 are 3300, 3302, and 3302 peaks as the temperature increases from 298 K. As the

cm! and those of peak 5 are 3196, 3192, and 3199cm
respectively. TheA values are 105, 110, and 112 chior

temperature decreases to 288 K, the peak splits again. The
downfield and upfield peaks at the temperature of-3888 K

DMA, DEA, and DIA, respectively, showing an increase with  can be correlated with the upfield and downfield peaks at-283
the size of alkyl group. It is noticed that the intensity of these 288 K, respectively, providing th&ds/AT value as—11.1 ppb/K
three peaks decreases as the alkyl size increases. The resulfsr synH and —17.2 ppb/K foranti-H.

are summarized in Table 2.

3.3. Temperature Dependence of théH NMR Chemical
Shifts of TA. We measured théH NMR chemical shift for

A striking result is that in the presence of DMF, DEF, and
DIF the peak of sy-H appears at the downfield relative to
anti-H after the coalescent peak splits. As the alkyl size

N—Hs of TA as a function of temperature. Since TA has the increases, the- A6/AT values of bottanti-H andsynH increase.

internal rotational barrier around-N bond as 17.3 kcal/méP

In the case of acetamide series, however, only He)/AT

two protons of TA resonate at 7.03 and 6.43 ppm for 3 mM value ofanti-H increases as the alkyl group becomes bulky.
TAJ/CCl, solution at room temperature (298 K). The NIR data The sum ofAd/AT values ofanti- andsynHs is—26.2,—27.4,
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Figure 4. Plot of chemical shift (in ppm) o&nti-H andsynH of 8.0 mM TA as a function of temperature. The proton acceptors are 40.0 mM (A)
DMF, DEF, and DIF and (B) DMA, DEA, and DIA. Data points are connected with a line.

TABLE 3. AJ/AT (ppb/K) values of 3.0 mM TA/CCI, and indicating that the electron-donating ability of the methyl group
8.0 mM TA/40.0 mM N,N-Dialkylamides/CCl, attached to the carbonyl carbon cannot simply enhance the
AOIAT? ASIAT?2 stability of the hydrogen-bonded complex. In the acetamide
acceptors b Hyn  acceptors bh Hem series, the result that the equilibrium constant decreases as the

alkyl size increases can be understood in terms of the entropy

b — — — — .
TA _ 56 _2'0 DMA _19'6 _9'1 effect. More bulky alkyl group would restrict the hydrogen-
DMF 16.7 9.5 DEA 19.9 8.3 ; . ; .
DEF —166 -108 DIA —216 -81 bonding formation and thus increase the negative entropy.
DIF -17.2 —-11.1 Pawelka et al. measured the enthalpy change for the phenol

DMF complex formation in CGlas —23.9 kJ/moP® Since
phenol is the stronger acid than TA, the pherdMA complex

and—28.3 ppbl/K, respectively, for DMF, DEF, and DIF. The must be more stable than TA:DMA hydrogen-bonded complex,
sum of AS/AT Vall,.les ofanti- anélsyan is’—26.é —275. and which agrees with our results. Hansen and Swenson reported
—29.7 ppb/K for DMA, DEA, and DIA, respecti\,/ely, sh’owing the similar thermodynamic data fo&@—DMF and HO—DMA

; ; ; .~ hydrogen-bonding formation in C€asAH® = —13.4 kJ/mol
a more pronounced increase with the alkyl group size, relative - .
to the foprmamide series yl group andAH° = —13.3 kJ/mol, respectivel§/For l,—amide complex

3.4. Proton Affinity (PA). We were only concerned about formation in CC}, solution, it is found that the enthalpy change

the PA values of\,N-dialkylamides for the oxygen site. The of DMF, DMA, and DMP is~25.5,~26.8, and~26.8 kJ/mol,

PA values of DMF, DEF, DIF, DMA, DEA, and DIA, at HF/  [5PeCIvel: showng & siant nerease with e B e
6-31+G*, HF/6-31G**, and B3LYP/6-31G** levels, are listed P y

in Table 4. Three different level calculations reveal consistently to the carbonyl carbon cannot significantly enhance the hydrogen-

that there is an increase of PA as the alkyl group becomes bquy,bonﬁIng Séab”'t% of im'de' id | h hat th K
for both the formamide and acetamide series. The PA value of The IR data of TA:formamide complexes show that the pea

DMA is larger than that of DMF position and theA value of hydrogen-bonded Fermi-mixed
The optimized geometry using the B3LYP/6-31G** level N—H stretching peaks are not significantly changed as the size

- ' S of alkyl group increases. However, in the acetamide series, as
shows that the amide group NfN-dialkylformamide is almost the aikvl aroun becomes bulky. the peaks shift to the lower
in a plane. However, for DMA, DEA, and DIA, the torsional vl group Y, P

. frequency region and th& value increases obviously by 8 ctn
_angle 0f1(R:CNR) is 0.1, 2.0, and 3.‘7and that ofp(OCNRy) These results are consistent with thAH® data obtained from
is—0.1, 0.3, and 1.2(Rs and R, are anti and syn to the carbonyl

. . : - the NIR spectrum. Tha value of TA:DMF is larger than that
oxygen, respectively), respectively. The torsional angle increases

as the alkyl size increases. For the protonated form of forma- of TA:DMA, which is also consistent with the NIR data that

i . L - DMF shows a higher-AH® value.
mides and acetamides, the optimized geometry of amide group . . -
is almost planar. The intensity of hydrogen-bonded Fermi-mixeeN stretch-

ing peaks correlates with the equilibrium constant. For DMF,
DEF, and DIF, the intensity remains almost the same. In the
acetamide series, the intensity of these peaks decreases as the
The thermodynamic data of hydrogen-bonded complex forma- alkyl size increases, indicating a decrease of equilibrium
tion of DMF, DEF, and DIF with TA are almost the same. For constant. Therefore, we definitely conclude that there is a more
DMA, DEA, and DIA, however, as the electron-donating ability pronounced alkyl substitutent effect on the hydrogen-bonding
of the alkyl group increases, the enthalpy change increases andormation of acetamides, relative to formamides.
the equilibrium constant decreases. The enthalpy change of the The AJ/AT values of free TA are-5.6 and—2.0 ppb/K,
TA:DMA complex formation is less than that of TA:DMF, respectively, foranti-H and synH, in the temperature range

2|n units of ppb/K.? Proton donor.

4. Discussion
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TABLE 4: Total Electronic Energy ( Eced, Zero-Point Energy (ZPE) of the N,N-Dialkylamide and Its Protonated Form, and

Proton Affinity of N,N-Dialkylamide

B3LYP/6-31G** HF/6-31G** HF/6-34%G*

Eelec ZPE PA Eelec ZPE PA Eelec ZPE PA
molecule (hartree) (hartree)  (kcal/mol) (hartree) (hartree)  (kcal/mol) (hartree) (hartree)  (kcal/mol)
DMF —248.521 659 0.102 636 213.92 —247.002139 0.109 745 217.15 —246.997 735 0.110 166 210.09
DMFH* —248.876 164 0.116 239 —247.362 807 0.124 362 —247.347 043 0.124 672
DEF —327.158291 0.159 851 217.73 —325.081454 0.170 607 220.37 —325.071123 0.171233 213.45
DEFH" —327.518914 0.173 506 —325.447 233  0.185 207 —325.425791 0.185745
DIF —405.789979 0.216 029 221.32 —403.154090 0.230421 223.65 —403.137787 0.231285 216.86
DIFH* —406.156 361 0.229 715 —403.524 978 0.244 904 —403.497 790 0.245707
DMA —287.842507 0.130 353 220.58 —286.044 468 0.139 331 223.04 —286.036968 0.139901 216.07
DMAH*  —288.207 527 0.143 859 —286.414219 0.153 646 —286.395590 0.154 191
DEA —366.479 703 0.187 794 223.95 —364.124226 0.200 391 225.89 —364.110705 0.201 167 219.08
DEAH*  —366.849989 0.201 185 —364.498506 0.214 691 —364.474081 0.215424
DIA —445.104 782 0.244 754 225.66 —442.187750 0.261015 227.32 —442.168410 0.262 093 220.72
DIAH™ —445.477 680  0.258 041 —442.564 353 0.275 359 —442.534519 0.276 460

283—313 K. TheAd/AT values of free amide NHs are usually
rationalized by the torsional oscillations at the-8 bond that
increase in amplitude upon warmiff . Since the rotational
barrier of TA is higher than that of amid&,the temperature
dependence of torsional vibration is expected to be less in TA.
In the presence of proton acceptors, Kt AT value would be
more influenced by the intermolecular hydrogen-bonding in-
teraction.

The chemical shift ofH NMR can provide a detailed insight
how anti-H andsynH of TA can form the hydrogen bonding
with tertiary amides. ThAd/AT value ofanti-H was measured
as—17.7,—19.2, and—21.6 ppb/K in the presence of DMA,
DEA, and DIA, respectively, which is much greater than that
of synH (—8 ppb/K). These results indicate that TA:acetamide
complex formation througlanti-H of TA is more stable than
that viasynH, and the alkyl substituents stabilize preferentially
the hydrogen-bonded complex formed wati-H.

For TA:formamide complex formations, th&®5/AT values
of anti-H andsynH are greater than-8 ppb/K and thesynH

Wiberg et al. describes why the—-@ rotational barrier of
DMF is higher than that of DMA, by using the ground-state
methyl-methyl repulsive interaction of DMA3 True et al.
reported the gas-pha¥d NMR studies for the rotational barrier
and the stability of symmetric and asymmetdg\-dialkylamide
conformers’~12 They suggested that an inability to accom-
modate the larger subsitutents in the amide plane results in a
loss of resonance stabilization in the ground state and a lower
rotational barrier. The rotational barriers of DMA and DIA in
gas phase were found to be 15.7 and 14.3 kcal/mol, respectively.
The rotational barrier was measured as 19.8, 19.2, and 19.1 kcal/
mol, respectively, for DMF, DEF, and DIF in gas phase.
Therefore, the alkyl effect on the rotational barrier is more
pronounced in the acetamide series than in the formamide series.
We can correlate the rotational barriers with the equilibrium
constants of hydrogen-bonding formation. The larger repulsion
between the alkyl substituents will result in severe steric
hindrance for the hydrogen-bonding interaction with TA and,
thus, reduce the equilibrium constant of hydrogen-bonding

resonates at downfield after the coalescence temperature arounéprmation. Therefore, the alkyl substituent effect would be more

290-300 K. These results indicate the hydrogen-bonding
formation viasynH also takes place as well as that wiati-H.
Since formamides lack of methyl group attached to the carbonyl

group, we can expect less steric hindrance in the hydrogen-

bonding formation througkynH, relative to acetamides. The
AO/AT value ofanti-H is higher than that o$ynH, indicating
that the hydrogen-bonded complex wiati-H is still more stable
than that ofsynH. The hydrogen bonding viaynH may

pronounced in acetamides, compared to formamides.

5. Conclusions

We have studied the hydrogen-bonding formation of sym-
metricN,N-dialkyl-substituted formamides such as DMF, DEF,
and DIF and\,N-dialkyl-substituted acetamides such as DMA,
DEA, and DIA with TA in CCL. The NIR, IR, and proton NMR

contribute to enhancing the enthalpy change, which results in Spectroscopic techniques were employed. We performed ab

higher enthalpy change of DMF compared to DMA. Further-
more, the hydrogen bonding visynH may lead all three
formamides to show similar enthalpy changes and equilibrium
constants.

The hydrogen-bonding ability of tertiary amides can be
compared with ab initio PA value8. As the alkyl group

initio quantum mechanical calculations for the proton affinity

of these tertiary amides. The NIR and IR data show that, in the
acetamide series, the stability of the TA:amide 1:1 hydrogen-
bonded complex increases as the alkyl group becomes bulky.
However, in the formamide series, the alkyl substitution cannot
enhance the stability of the hydrogen-bonding complex as much

becomes bulky, the PA value increases for both formamide andas that of acetamide series. The PA value of acetamides shows
acetamide series. The PA values are enhanced by the alkyla better correlation with the enthalpy change of hydrogen-
substitution to the carbonyl carbon more than that to the nitrogen bonded complex formation than that of formamides. We
atom. In the acetamide series, there is a linear correlation measured the temperature dependence of chemical shift for

between the PA value and the enthalpy change of the hydrogen-anti-H and synH of TA. It is found that the temperature

bonded complex formation. However, the experimental results
that the enthalpy change of DMF is higher than that of DMA

dependence ofynH is larger in the presence of formamides
than acetamides. This suggests more possibility of hydrogen-

and there is no enthalpy difference among the formamide seriesbonding formation viasynH of TA for formamides than
are inconsistent with the PA values. The PA calculations adopt acetamides, due to less steric hindrance.

the same type of proton for all amides. If formamide forms the
hydrogen bond viaynH of TA, as we suggested from the NMR
data, the PA value might not predict precisely the enthalpy
change of hydrogen-bonding formation.
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