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A set of 42 molecules with N-F, O-F, N-Cl, P-F, and As-F bonds

has been investigated in the search for potential bond anoma-

lies, which lead to reverse bond length–bond strength (BLBS)

relationships. The intrinsic strength of each bond investigated

has been determined by the local stretching force constant

obtained at the CCSD(T)/aug-cc-pVTZ level of theory. N-F or

O-F bond anomalies were found for fluoro amine radicals, flu-

oro amines, and fluoro oxides, respectively. A rationale for the

deviation from the normal Badger-type inverse BLBS relation is

given and it is shown that electron withdrawal accompanied

by strong orbital contraction and bond shortening is one of

the prerequisites for a bond anomaly. In the case of short

electron-rich bonds such as N-F or O-F, anomeric delocalization

of lone pair electrons in connection with lone pair repulsion

are decisive whether a bond anomaly can be observed. This is

quantitatively assessed with the help of the CCSD(T) local

stretching force constants, CCSD(T) charge distributions, and

G4 bond dissociation energies. Bond anomalies are not found

for fluoro phosphines and fluoro arsines because the bond

weakening effects are no longer decisive. VC 2015 Wiley Period-

icals, Inc.

DOI: 10.1002/jcc.24207

Introduction

One of the early discoveries of vibrational spectroscopy

revealed that for diatomics an inverse power relationship

between force constant k and bond length r exists. This so-

called Badger Rule[1,2] was the basis for the tenet relating

shorter bonds to stronger bonds. Numerous attempts aiming

at a polyatomic generalization of the Badger rule have been

published in the last 80 years[3,4] and, even though only of lim-

ited success, they have cemented the belief of chemists in the

use of bond lengths as useful bond strength indicators. In the

last three decades, a few observations that suggest a reverse

bond length-bond strength (BLBS) relationship were published

without attracting much attention. For example, reverse rela-

tionships were found for the N-F bonds in the fluoro amines

HnNF3-n and methyl fluoro amines (CH3)nNF3-n with (n 5 0–

2),[5–12] the fluorine bonds in substituted ethane homo-

logues,[13–15] the O-F bonds in HOF, OF2, and FNO
½
2

[16–20] or

the S-F bonds in the SF2 dimer.[21,22]

These findings can be denoted as bond anomalies in the

sense that the observed BLBS is not in line with the Badger

rule. It is typical of these examples that bond anomalies are

found when the bond in question connects electronegative

atoms possessing electron lone pairs (lp). Therefore, the well-

known bond weakening caused by lp–lp repulsion might be

responsible for the reverse relationship.[23] In addition, there

have been claims that reverse BLBS relations are found for

bonds involving heavier elements, e.g., Pb-P and Pb-C

bonds,[24] Cr-H bonds,[25] or Ti-P bonds.[26,27] In the latter cases,

lp–lp repulsion does not play an important role so that alter-

native electronic effects had to be invoked to explain the

reported bond anomalies.

Most of the studies mentioned above were based on vibrational

spectroscopy or quantum chemical calculations. One also used

bond dissociation energies (BDE) or bond dissociation enthalpies

(BDH), electron density values, bond orders, and other parameters

to postulate reverse BLBS relationships. Any of these studies can

be questioned for principal reasons and therefore a critical analysis

of reverse BLBS relationships preferably based on high-accuracy

quantum chemical data is desirable. The preferred tool in this work

will be a dynamical model of the bond strength based on vibra-

tional spectroscopy and the theory of local modes, which was

introduced by Konkoli and Cremer[28] and which, since then, has

been proved to be physically sound, generally applicable, and a

direct way of determining the intrinsic strength of a bond.[29–31]

The usefulness of the local vibrational mode description of the

bond strength has been documented by the characterization of

CC bonds,[29,32–34] NN bonds,[35] CO bonds,[36] CX bonds with X 5 F,

Cl, Br, I,[37–40] H-bonding,[41–44] pnicogen bonding,[45,46] and the

characterization of isotopomers.[47]

The main objectives of this work are (i) to critically re-

evaluate previously published reverse BLBS relationships, (ii) to

introduce reliable bond strength orders (BSOs) needed for

characterizing unusual bonds, (iii) to elucidate the interplay of

electronic and electrostatic factors determining the stability of

electron-rich bonds, and (iv) to derive a rational for any devia-

tion from the commonly known inverse BLBS relationships.
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The interplay between bond length and bond strength is com-

plex and an investigation that clarifies why deviations from

the expected inverse BLBS relations occur, is timely and will

lead to a deeper understanding of chemical bonding. In partic-

ular in crystal engineering, for the design of new materials,

and the production of fine chemicals knowledge about how

to accurately predict the strength of a chemical bond is of par-

amount importance.[48,49] To the best of our knowledge, no

attempts have been made so far to apply vibrational spectros-

copy to a systematic study of bond anomalies.

To fulfill the objectives of this work, a larger number of

quantum chemical calculations has been carried out the

results of which are presented in the following form. In Com-

putational Methods section, the computational methods used

in this work are described. Results are presented in Results

and Discussion section together with a discussion of those

bond anomalies that have become known or were investi-

gated for the first time in this work. Finally, the conclusions of

this work are summarized.

Computational Methods

Equilibrium geometries and normal vibrational modes of mole-

cules 1-42 were calculated using coupled cluster theory with

single (S) and double (D) excitations and a perturbative treat-

ment of triple (T) excitations (CCSD(T))[50] employing Dun-

ning’s aug-cc-pVTZ basis sets.[51–53] Preliminary calculations

were carried out at the DFT (density functional theory) level of

theory employing the B3LYP hybrid functional[54–57] with the

same basis set. All DFT calculations were carried out using

an ultrafine grid[58,59] and tight convergence criteria in the

geometry optimizations (forces and displacements �1026 a.u.;

changes in the density matrix: �1028) to guarantee a reliable

calculation of vibrational properties.

The Nvib53N2L (N: number of atoms; L: number of transla-

tions and rotations of the molecule) normal vibrational modes

of a molecule, their vibrational frequencies, and force con-

stants were calculated by solving the Wilson equation.[60] The

corresponding Nvib local vibrational modes, their frequencies

xa
n, and force constants ka

n were determined according to the

following procedure.[28–31,61] Normal vibrational modes are

coupled via electronic and kinematic coupling.[28,60] By solving

the Wilson equation, electronic coupling can be eliminated

whereas kinematic coupling remains. Konkoli and Cremer

showed that a local-equivalent of the Wilson equation based

on mass-decoupled Euler-Lagrange equations leads to local,

completely decoupled vibrational modes, which relate to

the normal vibrational modes via an adiabatic connection

scheme.[30,31,61] A local vibrational mode vector an can be

expressed in terms of normal vibrational mode vectors dl

given in terms of internal coordinates qn according to Ref. [30]

an5
K21d

†

n

dnK21d
†

n

(1)

where the matrix K is the diagonal force constant matrix, dn

denotes a row vector of the matrix D, which contains in its

columns vectors dl. The local mode force constant ka
n of

mode n (superscript a denotes that the local modes are adia-

batically relaxed) is determined by eq. (2):

ka
n5a

†

nKan5ðdnK21d
†

nÞ
21 (2)

and the corresponding local mode frequency xa
n is given by

Ref. [28]

4p2c2ðxa
nÞ

2
5ka

n Gnn (3)

with Gnn being a diagonal element of the Wilson G-matrix and

defining the reduced mass of the local mode an.[28]

Many of the molecules considered in this work adopt a

pyramidal structure where the degree of pyramidalization

plays an important role in the discussion. The latter was meas-

ured by determining for an AHn Xm molecule that normal vec-

tor, which forms with the three AH or AX bond vectors one

and the same angle a. The pyramidalization angle was defined

as h5a290
�

so that the planar form of AHn Xm is identified by

h50
�
.

BDE and BDH (298) values were calculated with the G4

method.[62] All BDEs reported in this work do not include

zero-point energies because only the electronic factors influ-

encing their magnitude will be considered. NBO (natural

bond order) charges[63–65] were determined at the CCSD(T)/

aug-cc-pVTZ and B3LYP/aug-cc-pVTZ level of theory. The

intrinsic strength of a bond AB is given by the local stretch-

ing force constant kaðABÞ,[35] which was obtained at the

CCSD(T) level of theory for all bonds of the molecules

investigated.

When comparing a large set of kaðABÞ values the use of a

relative bond strength order (BSO) n is convenient. The relative

BSO n(AB) is obtained by utilizing the extended Badger

rule,[3,35] according to which n is related to the local stretching

force constant ka by a power relationship. The latter is fully

determined by two reference values and the requirement that

for a zero force constant n becomes zero. For example, the n5

f ðkaÞ relationship can be set up for NO bonds by using as

the appropriate reference molecules hydroxylamine (31;

n(NO) 5 1.0) and nitroxyl (34; n(NO) 5 2.0). In this way, the fol-

lowing equation is obtained:[3,35,41]

nðNOÞ5aðkÞb (4)

with constants a 5 0.402 and b 5 0.669 (CCSD(T)/aug-cc-pVTZ;

B3LYP: a 5 0.432; b 5 0.617).

Since most of the bonds investigated in this work are

known as single bonds AAX, the definition of a A@X double

bond was not possible or at least problematic. In this situa-

tion, it helps that there should be only a single n5f ðkaÞ rela-

tionship, which directly describes the intrinsic bond strength

AB irrespective of which period A or B belongs to. Therefore,

suitable BSO values n(AX) were calculated by scaling this rela-

tionship with the kaðNFÞ value of H2NF (5) for NF bonds,

H2NCl (10) for NCl bonds, H2PF (14) for PF bonds, and H2AsF

(18) for As-F bonds. For these reference molecules, BSO n(AX)
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becomes 1.0 and makes a meaningful comparison of a group

of AX bonds possible. This approach was tested by calculat-

ing the relative BSO values of reference molecules 32, 33 (N-

S and N-Se single bond), and 34 to 40 (formal double bonds

N@S, N@Se; single bonds P-O, As-O, formal double bonds

P@O, As@O). In all cases, reasonable BSO values were

obtained, which qualitatively changed parallel to the calcu-

lated BDE values for these bonds (Table 1). In a similar way,

the BSO values of A-H bonds were determined using the FH

bonds in F � � �H � � � F2 (41; n(FH) 5 0.5) and FH (42; n 5 1.0) as

suitable reference (CCSD(T): a 5 0.521; b 5 0.288; B3LYP:

a 5 0.505; b 5 0.306) and, then scaling the resulting n5f ðkaÞ
relationship with the help of suitable reference molecules

AH3 (A 5 N, P, As).

The local vibrational modes[28] were calculated and analyzed

with the program package COLOGNE2015.[66] For the CCSD(T)

calculations, the program CFOUR[67,68] was used whereas for

the DFT calculations Gaussian09[69] was employed.

Table 1. Calculated bond properties for molecules 1 to 42.[a]

B3LYP/aug-cc-pVTZ CCSD(T)/aug-cc-pVTZ
G4

# Molecule (State), Sym. R(AX) xaðAXÞ kaðAXÞ n(AX) R(AX) xaðAXÞ kaðAXÞ n(AX) BDE(AX) BDH(AX)

N-F, O-F bonds

2 HN-F� (2A
00
), Cs 1.374 1034 5.079 1.128 1.371 1035 5.088 1.148 74.17 71.71

3 FN-F� (2B1), C2v 1.356 971 4.480 1.044 1.347 1005 4.802 1.104 67.75 66.70

5 H2N-F(1A0), Cs 1.433 938 4.176 1.000 1.427 934 4.142 1.000 73.10 69.27

6 H(F)N-F(1A0), Cs 1.402 911 3.938 0.964 1.394 923 4.047 0.985 68.30 65.69

7 F2N-F(1A1), C3v 1.379 875 3.637 0.918 1.369 920 4.021 0.981 59.75 58.27

8 HN-Cl� (2A
00
), Cs 1.694 751 3.326 1.124 1.689 762 3.423 1.112 63.50 61.59

9 ClN-Cl� (2B1), C2v 1.715 660 2.565 0.958 1.707 688 2.787 0.969 46.66 46.28

10 H2N-Cl(1A0), Cs 1.768 683 2.750 1.000 1.758 704 2.920 1.000 63.59 60.44

11 H(Cl)N-Cl(1A0), Cs 1.771 626 2.312 0.898 1.759 665 2.607 0.927 49.69 47.97

12 Cl2N-Cl(1A1), C3v 1.782 567 1.894 0.794 1.767 621 2.271 0.845 37.08 36.44

14 H2P-F(1A0), Cs 1.629 786 4.284 1.000 1.617 814 4.601 1.000 113.69 111.29

15 H(F)P-F(1A0), Cs 1.608 811 4.565 1.040 1.594 848 4.985 1.055 124.12 122.20

16 F2P-F(1A1), C3v 1.591 828 4.758 1.066 1.575 873 5.283 1.097 133.66 132.31

18 H2As-F(1A0), Cs 1.772 646 3.721 1.000 1.744 692 4.276 1.000 102.41 100.54

19 H(F)As-F(1A0), Cs 1.750 657 3.851 1.022 1.721 721 4.640 1.056 110.46 109.01

20 F2As-F(1A1), C3v 1.732 684 4.177 1.074 1.701 746 4.975 1.106 118.27 117.24

21 H2C@N-F(1A0), Cs 1.419 884 3.713 0.930 1.412 888 3.747 0.935 68.82 66.10

22 :C@N-F(1R1), C1v 1.307 1205 6.900 1.363 1.306 1200 6.839 1.399 54.47 53.02

23 :N-F(3R2), C1v 1.320 1144 6.217 1.278 1.318 1144 6.217 1.312 77.65 76.83

24 HN@N-F,cis(1A0), Cs 1.511 611 1.773 0.589 1.486 640 1.943 0.603 61.17 58.37

25 HN@N-F,tr(1A0), Cs 1.438 752 2.686 0.762 1.418 810 3.118 0.827 59.55 56.50

26 FN@N-F,cis(1Ag), C2h 1.391 874 3.626 0.916 1.382 902 3.868 0.955 21.90 20.12

27 FN@N-F,tr(1Ag), C2h 1.387 942 4.217 1.006 1.380 976 4.522 1.061 20.62 18.92

29 HO-F(1A0), Cs 1.431 985 4.963 1.000 1.437 920 4.326 1.000 50.22 47.91

30 FO-F(1A1), C2v 1.403 931 4.435 0.933 1.407 888 4.032 0.954 39.94 39.12

N-H, P-H, As-H, O-H

1 HN-H� (2B1), C2v 1.027 3378 6.320 0.978 1.023 3419 6.474 0.982 139.40 133.48

4 H2N-H(1A1), C3v 1.013 3503 6.796 1.000 1.012 3528 6.894 1.000 114.77 106.73

13 H2P-H(1A1), C3v 1.421 2383 3.267 0.799 1.414 2422 3.373 0.814 87.15 82.08

17 H2As-H(1A1), C3v 1.525 2184 2.794 0.762 1.501 2282 3.051 0.791 78.84 74.34

28 HO-H(1A1), C2v 0.962 3829 8.191 1.059 0.959 3870 8.367 1.057 124.95 118.13

References:

NO, NS, and NSe bonds

31 H2N-OH(1A0), Cs 1.445 942 3.902 0.959 1.443 942 3.905 0.962 69.08 62.98

32 H2N-SH(1A0), Cs 1.732 699 2.805 0.826 1.730 723 2.995 0.851 70.76 66.14

33 H2N-SeH(1A0), Cs 1.878 593 2.471 0.811 1.854 628 2.768 0.864 63.10 58.98

34 HN@O(1A0), Cs 1.198 1652 12.005 1.918 1.210 1582 11.007 1.923 167.50 164.71

35 HN@S(1A0), Cs 1.571 1077 6.649 1.406 1.584 1025 6.033 1.359 124.67 122.47

36 HN@Se(1A0), Cs 1.720 879 5.427 1.318 1.725 843 4.986 1.281 106.22 104.31

PO and AsO bonds

37 H2P-OH(1A0), Cs 1.677 782 3.796 0.912 1.669 808 4.055 0.943 93.22 88.91

38 H2As-OH(1A0), Cs 1.821 644 3.226 0.814 1.792 692 3.718 0.881 81.24 77.59

39 HP@O(1A0), Cs 1.492 1208 9.076 1.561 1.497 1179 8.633 1.563 184.64 182.98

40 HAs@O(1A0), Cs 1.634 966 7.244 1.341 1.636 951 7.031 1.350 157.57 156.38

FH bonds

41 F� � �H� � �F2(1R1
g ), D1h 1.149 1361 1.044 0.551 1.138 1241 0.868 0.550 43.23 43.96

42 F-H(1R1), C1v 0.922 4090 9.432 1.102 0.919 4139 9.660 1.101 141.31 136.40

[a] Distance R(AX) in Å, local stretching frequencies xaðAXÞ in cm–1, local AX stretching force constants kaðAXÞ in mdyn Å–1, and bond strength order

n(AX). For molecular structures and NBO charges, see Figure 1.
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Results and Discussion

In Table 1, AX bond properties of compounds 1 to 42 (com-

pare with Fig. 1) calculated at the B3LYP/aug-cc-pVTZ and

CCSD(T)/aug-cc-pVTZ levels of theory are listed. These com-

prise the distance R(AX) for A 5 N, P, As, O and X 5 F, Cl, and

H, the corresponding local stretching frequency xaðAXÞ, the

local stretching force constant kaðAXÞ, the relative BSO value

n(AX) as well as the corresponding G4 BDE(AX), and BDH(AX)

values. Table 2 gives a short summary of the results of the

NBO delocalization values. Geometries of the molecules inves-

tigated (Cartesian coordinates and trends in the bond lengths

and bond angles can be found in the Supporting Information).

In Figure 1, the CCSD(T) NBO charges and the pyramidalization

angles h are summarized. In Figure 2 the CCSD(T) geometries

for 1–20 are shown; (a) equilibrium geometries, (b) planar geo-

metries. Figure 3 gives the relative BSO(NF) values for all NF

bonds investigated in this work, which stretch from 0.8 to 1.4.

Reverse BLBS relationships in fluoro amines

Various investigations have discussed a reverse BLBS relation-

ship for the NF bonds of the fluoro amines.[9–12] At first sight

(see Fig. 4a and Table 1), the CCSD(T) results obtained in this

work suggest a normal, Badger-type BLBS behavior for all NF

bonds of molecules 2 to 27. A Badger-type behavior is also

found for the NH bonds listed in Table 1.

A closer inspection of the scattering in the N-F bonds with

regard to a general BLBS relationship reveals that for the flu-

oro amine radicals HNF (2) and FNF (3, green line in Figs. 4a

and 4b) as well as the fluoro amines NH2F (5), NHF2 (6), and

NF3 (7, blue line in Figs. 4a and 4b), the NF bond strength pre-

sented by the local NF stretching force constant increases with

increasing NF bond length (see also Table 1) suggesting a

reverse BLBS relationship. The effects are relatively small com-

pared to the total variation in the NF bond length from 1.30

to almost 1.43 Å (Fig. 4a), but they are confirmed by the

B3LYP results and the G4 BDE values, which change from 73.1

to 68.3 and 59.7 kcal/mol with increasing fluorination and

decreasing NF bond length (Table 1). All values indicate an

inverse BLBS relationship and by this a bond anomaly where

we associate this term with the observation that the shorter

bond corresponds to the weaker rather than stronger bond.

To find a rational for the N-F bond anomaly, we will develop a

suitable electronic structure model and test its usefulness by

systematically varying the target molecules and scrutinizing

whether the model chosen can rationalize the changes in

bond strength observed without any inherent contradictions.

The length of a bond can be estimated by using standard

covalent radii for the atoms involved. Those found in the liter-

ature for N and F (0.71 and 0.57 Å (Cambridge covalent

radii)[70] were derived for A-H bonds in hydrides and therefore

they are too small. Utilizing H2NF as a suitable reference mole-

cule (CCSD(T) NF bond length: 1.427 Å; Table 1) and keeping

the ratio of the Cambridge covalent radii, one obtains

improved radii of 0.792 (N) and 0.635 Å (F), respectively. Other

covalent radii have been suggested by Politzer and Mur-

ray[71,72] but the values given above are ad hoc radii to repro-

duce the CCSD(T) value of the NF bond length in 5, which is

the reference bond for discussing the NF bonds of the

Figure 1. Structures 1 to 40 with CCSD(T)/aug-cc-pVTZ atomic charges (NBO) given in melectron: Blue: central atom; green: halogen atom; brown: H atom;

black: other atoms. The bold red number give the pyramidalization angle h. [Color figure can be viewed in the online issue, which is available at wileyonli-

nelibrary.com.]
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fluoroamines. It is well-known that the covalent radius of an

atom decreases with increasing electron withdrawal or, in gen-

eral, increasing oxidation state as has been shown for transi-

tion metal cations.[73,74] The strong withdrawal of negative

charge from N caused by several F atoms leads to change in

the N atomic population from 21022 melectron (me) in NH3

to 1571 me in NF3, i.e. to a change by 1593 me according to

CCSD(T)-NBO calculations (Fig. 1). The N atom converts from

an atom with an anionic to one with a cationic charge distri-

bution and accordingly its covalent radius decreases from

H2NF to NF3 by about 0.05 Å, which is a large change for an

electronegative element with a tight electron density

distribution.

The drastic decrease of the NF bond length with increasing

fluorination can lead to different electron structure changes: (i)

the exchange repulsion between the lone-pair electrons of N

and F (through-bond or through-space lp-lp repulsion) should

significantly increase and destabilize the NF bond. Destabiliza-

tion by lp-lp repulsion is reduced by charge withdrawal from

N, anomeric delocalization, or geometry relaxation. Therefore,

the magnitude of this effect can be only estimated indirectly,

e.g. by considering the increase of the N lone pair orbital

energy upon planarization of a pyramidal molecule (Table 2

and below). Increasing pyramidalization from h 5 22.18 in NH3

to h 5 26.48 in NF3 can lower through bond lp-lp repulsion to

some degree; however, only at the price of increasing

through-space lp(F)-lp(F) repulsion. (ii) Anomeric delocalization

of a halogen electron lone pair into a vicinal low-lying r?ðNXÞ
orbital leads to NX bond weakening where however, it has to

be considered that lone pair delocalization adds some p-char-

acter to the YN bond if Y is the donor. Since bond strengthen-

ing via increased p-character is less efficient than r-bond

weakening the overall effect in NHX2 or NX3 leads to NX bond

weakening, which can be quantitatively assessed by the NBO

analysis via its delocalization energies. (iii) Also, hyperconjuga-

tion effects, e.g. by charge delocalization from a rðNHÞ orbital

to a r?ðNXÞ orbital can play a role. However, the NBO analysis

reveals that these effects are relatively small compared to

anomeric delocalization and should not affect the NX bond

length significantly. There is also the possibility that effect (i),

(ii), and (iii) act at the same time. In this connection, the data

in Table 2 provides some guidance although the discussion of

lp-lp repulsion in connection with bond weakening is still

problematic.

Before continuing the discussion, we would like to point out

that the NBO analysis for effect ii) is based on localized molec-

ular orbitals (LMOs) whereas sometimes a more elegant repre-

sentation of an electronic effect may be based on the

electronic wavefunction generated from canonical MOs. For

example, many electronic features have been explained in

Table 2. Results of the NBO analysis (in form of delocalization energies and changes in lone pair orbital energies) and bond length analysis.[a]

# Mol DE (Mult.) # Mol DE # Mol DE # Mol DE

Anomeric delocalization energies lp(X) fi r?(AX) for pyramidal forms

3 NF2 6.05 (2) 9 NCl2 4.42

5 NH2F 1.98[b] (2) 10 NH2Cl 1.73 14 PH2F 3.31 18 AsH2F < 0.50

6 NHF2 11.90 (2) 11 NHCl2 7.34 15 PHF2 10.10 19 AsHF2 8.84

7 NF3 7.15 (6) 12 NCl3 3.62 16 PF3 5.50 20 AsF3 4.60

4.45 (6) 3.30 4.40 3.83

Anomeric delocalization energies lp(X) fi r?(AX) for planar forms

5 NH2F 7.23[b] (2) 10 NH2Cl 4.60 14 PH2F 6.98 18 AsH2F 5.34

6 NHF2 15.33 (2) 11 NHCl2 8.58 15 PHF2 11.07 19 AsHF2 8.95

7 NF3 12.25 (6) 12 NCl3 6.06 16 PF3 4.99cÞ 20 AsF3 4.07cÞ

2.49

Increase in the A(lp) energy upon planarization

4 NH3 0.0983 13 PH3 0.2371 17 AsH3 0.3151

5 NH2F 0.1745 10 NH2Cl 0.1570 14 PH2F 0.2497 18 AsH2F 0.3238

6 NHF2 0.2342 11 NHCl2 0.2088 15 PHF2 0.2617 19 AsHF2 0.3308

7 NF3 0.2795 12 NCl3 0.2566 16 PF3 –½c� 20 AsF3 –½c�

# Mol DR # Mol DR # Mol DR # Mol DR

(DRpl) (DRpl) (DRpl) (DRpl)

Changes in NF bond length relative to AH2X: pyramidal (upon planarization)

5 NH2F 0[d] (242) 10 NH2Cl 0[d] (266) 14 PH2F 0[d] (218) 18 AsH2F 0[d] (217)

6 NHF2 233 (242) 11 NHCl2 1 (275) 15 PHF2 223 (210) 19 AsHF2 223 (29)

7 NF3 258 (227) 12 NCl3 9 (280) 16 PF3 242 (–)½c� 20 AsF3 243 (–)½c�

[a] Block 1 and 2: Delocalization energies DE in kcal/mol for the anomeric delocalization of the halogen electron lone pairs into vicinal r�ðNXÞ orbitals.

Only in the case of the H2A-X molecules, the delocalization into a r�ðNHÞ orbital (indicated by the abbreviation NH) is given for reasons of comparison.

Numbers in parentheses placed in the third column, define the multiplicity (Mult.) of a DE value, i.e. how often a given DE value occurs because of

symmetry and the number of halogen atoms. Block 3: Increase of the lp(A) orbital energy relative to the corresponding orbital energy of the pyramidal

form given in Hartrees. For 16 and 20, D3h-symmetrical PF3 and AsF3 represent Jahn-Teller unstable systems. Therefore, they are excluded for the com-

parison. Block 4: Bond lengths changes DR in 1033Å relative to the R value of ANH2X upon increasing halogenation are given where a positive (nega-

tive) sign indicates an increase (decrease) of R relative to the reference bond length or, given in parentheses, the change in the bond length of the

planar form relative to that of the pyramidal form. CCSD(T)/aug-cc-pVTZ calculations (geometry), B3LYP/aug-cc-pVTZ calculations in the case of the

NBO delocalization energies and the lone pair energies. [b] Delocalization into a r�ðNHÞ orbital. [c] The D3h form is Jahn-Teller unstable and corre-

sponds to a second-order TS. [d] Reference bond lengths are 1.427 (5), 1.758 (10), 1.617 (14), and 1.744 Å (18).
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terms of pseudo-Jahn-Teller effects invoking interactions

between ground state and excited states according to well-

specified symmetry rules.[75] In a simplified way, pseudo-Jahn-

Teller effects can be expressed as second-order Jahn-Teller

(SOJT) effects using canonical MOs rather than state wave

functions. An explanation of bond weakening in the course of

a SOJT effect implies that one considers changes in hybridiza-

tion. This leads to the well-known hybridization defect that is

typical of the electronic behavior of the elements in the higher

periods.[76–81] Hybridization is indirectly a result of the lack of

a nodal sphere (present in the 2s atomic orbital (AO)) in the

case of the 2p AOs, which makes their radial expansion com-

parable to that of the 2s AO and in this way facilitates sp-

hybridization and the maximization of orbital overlap with

partner atoms. Hence, bonding between second period atoms

utilizing spn hybrid orbitals rather than just 2p AOs is strong

provided other electronic effects do not diminish it. If a large

charge at the N atom leads to a contraction of the valence

Figure 2. CCSD(T)/aug-cc-pVTZ geometries and changes of molecules 1 to 20. a) Equilibrium geometries. b) Planar geometries. For planar 16 and 20, the

second-order TS of D3h-symmetry, which are Jahn-Teller unstable) and the first order saddle points of C2v -symmetry are both reported together with

the barriers of planarization. Bond lengths in Å, bond angles in degrees, and barriers to planarity in kcal/mol. Numbers in parentheses give the changes in

the geometry upon planarization.
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orbitals, the 2s AO with its nodal sphere will be more effected

than the 2p AOs with their angular nodal planes that contain

the position of the corresponding nucleus. Hence, the radial

expansion of the 2s AO will become significantly smaller than

that of the 2p AOs, hybridization does deteriorate (hybridiza-

tion defect), and the NF bonds become weaker.

Either explanation (i), (ii), or a superposition of these elec-

tronic effects can explain the reverse BLBS relationships for the

fluoro amines (see Fig. 5). We will in the following systemati-

cally analyze which of these electronic effects is dominant and

for this purpose we will vary the structure of the fluoro amines

in the following way: (1) by increasing the lp effect, e.g. in pla-

nar Hn NF3-n, its relevance can be tested. (2) By replacing F

with Cl the electronegativity of the substituent is decreased

and by this also the positive charge at N. In this way, we will

see how important charge contraction is. (3) Third or fourth

period atoms A such as P or As, should be a better charge

donor to F and the bond length contractions should be sub-

stantial. However, P or As could also lead to a variation of (i)

or (ii) in Figure 5. (4) A central atom such as O will have the

opposite effect on any charge contraction as P or As. Again,

the consequences (i) and (ii) can be tested. (5) Finally, it is

interesting to replace in a fluoro amine two H atoms by a sub-

stituent that may have an effect on the NF bond length and

bond strength such as in molecules 21 to 27.

Planarization of the Fluoro Amines. If through-bond lp(A)-lp(X)

repulsion would be exclusively responsible for the weakening

effect causing NF bond anomalies, the latter should be

increased for planar AX3 molecules. In Figure 6, the NF bond

properties of the planar systems calculated in this work are

summarized. All structures are first order saddle points (transi-

tion states of the inversion at the central atom A) with the

exception of 16 and 20 where three imaginary frequencies

indicate an in-plane (ip) SOJT distortion from D3h2 to

C2v2symmetry.[82] The latter forms have different AF bonds (P:

1.606; 1.648; As: 1.739, 1.793 Å) and force constants (P: 3.819,

2.921; As: 3.529; 2.732 mdyn/Å; planarization barriers DE: 54.0

(P) and 49.4 kcal/mol (As)) and therefore are not included into

the comparison.

Comparison of the NF bond lengths and local stretching

force constants reveals an overall bond shortening relative to

the pyramidal forms (see Table 2) because of a change from

sp3 to sp2 hybridization and improved overlap. Again, the N

charges reveal that charge withdrawal from N and the con-

comitant contraction of covalent radius is responsible for bond

shortening with increasing fluorination. Unexpected is the fact

that the NF bond is strengthened with increasing fluorination

despite the increase in lp(N,2pp)-lp(F,2pp) repulsion at a

shorter NF bond length as is reflected by the energy raising of

the N lone pair orbital upon planarization (Table 2). This is in

contradiction with the assumption that the NF bond anomalies

of the pyramidal forms are a result of through-bond lp-lp

repulsion.

In view of the results for the planar fluoro amines, the

assumption that through-bond lp-lp repulsion is the major

cause for the observed bond anomalies has to be discarded.

In this connection, it is important to emphasize that the pyra-

midalization of NH3 is a direct consequence of the SOJT

effect[83–86] involving the two a1-symmetrical frontier orbitals.

The closer these two orbitals are in the planar form, the

Figure 3. Relative BSO values n(NF) given as a function of the correspond-

ing local stretching force constants ka according to CCSD(T)/aug-cc-pVTZ

calculations. [Color figure can be viewed in the online issue, which is avail-

able at wileyonlinelibrary.com.]

Figure 4. Inverse and reverse BLBS relationships for a) NF bonds and b) NF

bonds in comparison with NCl, PF, and AsF bonds. CCSD(T)/aug-cc-pVTZ

calculations. [Color figure can be viewed in the online issue, which is avail-

able at wileyonlinelibrary.com.]
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stronger is the molecule pyramidalized, the stronger is the

mixing of the frontier orbitals upon pyramidalization, and the

stronger is the overall stabilization of the molecule.

The change from a more electronegative central atom A to

a more electropositive A leads to an increase of the HOMO

energy (the pp(A) orbital) whereas the LUMO, which is

substituent-dominated, changes only little in energy. Accord-

ingly, the HOMO-LUMO energy gap becomes smaller, frontier

orbital mixing stronger, the pyramidalization angle h and the

barrier to planarity larger, and AX bonding weaker in view of

an increased p-character of the AX bonding orbitals. Con-

versely, replacing the substituents by more electronegative

atoms or functional groups lowers the LUMO in energy, again

the HOMO-LUMO gap is decreased, and pyramidalization is

increased. These are well-known facts[86] and explain the

trends in the calculated barriers (DE: 5.5 (4) to 83.4 kcal/mol

(7, Fig. 6) and pyramidalization angles h of the fluoro amines

(22.1 (4) to 26.4 (7), Fig. 1).

Clearly, through bond lp(p)-lp(p) repulsion also destabilizes

the planar form and adds to the high energies of the planar

forms although it does not dominate the NF bond strength.

This seems to result from the lower population of the pp(N)

orbital, which looses up to 50% of its charge with increasing

fluorination. Another electronic effect influences the NF bond

strength in the planar forms: For planar 6, the FNF angle is

decreased from 120 in 7 to 112.68 despite the potentially

strong ip through space lp-lp repulsion between the F atoms.

Clearly, this is a result of the mutual anomeric delocalization of

the ip lp(F) electrons into the neighboring r?ðNFÞ orbital,

which is more efficient for bond angles closer to 908 and

which does not necessarily lead to bond strengthening of the

NF bonds (because it takes place for a NF2 group in both

directions) but to a lowering of through-space lp(F)-lp(F)

repulsion.

In the case of pyramidalized fluoro amines, bond weakening

is caused by lp-lp repulsion and anomeric delocalization. For

example, for pyramidalized 6 and 7, an increase in through-

space lp(F)-lp(F) repulsion enhances NF bond weakening.

Indicative of this is the fact that the pyramidalization angle

first increases (h 5 25.8 to 27.18) and then decreases again

(26.48, Fig. 1). In the planar forms, the same effects are active,

however, with the result that because of better pp-pp overlap

and a contraction of the orbitals (enhanced by the larger elec-

tronegativity of a sp2-hybridized central atom), anomeric

delocalization is stronger (Table 2) as is NF p-bonding. Accord-

ing to the NBO analysis, there are sizable lp(N) ! Ry(F) contri-

butions (Ry: Rydberg 3p orbital; 4.13, 5.84, 6.75 kcal/mol for 5,

6, and 7, respectively) enhancing pp(N)-pp(F) overlap thus

leading to a normal inverse BSBL relationship.

Similar electronic effects determine the bond anomaly of

the fluoro amine radicals. A SOJT effect is responsible for the

bending of the linear molecules, which becomes stronger for

AX2 systems with electronegative substituents such as F. Alter-

natively, one can explain the bending as a result of anomeric

delocalization of the ip lp(F) electron pair into the r?ðNFÞ
orbital, which is maximal at 908, and therefore favors a small

bending angle (Table 2 and Fig. 2). The FNF angle is actually

with 103.18 equal to the HNH angle (Fig. 2), which is due to ip

through-space lp(F)-lp(F) repulsion and a subsequent widening

of the FNF angle. The NF bond in 3 is weakened relative to

that of 2 by the very same effects determining the bending

angle. Bond weakening in radical 3 is reflected by the lower

NF stretching force constant and BDE value in contradiction of

the NF bond shortening from 1.371 to 1.347 Å.

Based on these findings, the prerequisites for an AX bond

anomaly seem to be (i) a large electronegativity difference

between A and X causing a decrease of the covalent radius of

A, (ii) anomeric delocalization of lp(X) into a geminal r?ðAXÞ
orbital, and (iii) through-space (but less through-bond) lp-lp

repulsion where effects (ii) and (iii) lead to a weakening of the

NF bond. Since the bending or pyramidalization of the mole-

cule can be elegantly explained by a SOJT effect, there is also

the possibility of rationalizing NF weakening by the hybridiza-

tion defect associated with the reduction of the bond angle.

In the following we will test whether this explanation model

involving up to three different electronic effects can provide a

rational for all inverse or reverse BLBS relationships observed

in this work.

Chloro amine radicals and chloro amines. As shown in Figures

4b and 6, the BLBS relationship for the NCl bonds in both the

pyramidal and planar chloro amines provides a new insight

into bond anomalies. The Allred-Rochow electronegativity of

chlorine (2.83) is considerably smaller than that of fluorine

(4.10) and close to that of nitrogen (3.07).[87,88] Accordingly,

nitrogen withdraws electrons from chlorine so that the N charge

in the chloro amines is always negative (Figs. 1 and 6). The NBO-

CCSD(T) values of the N atom are 2451 me (8), 2368 me (9),

2743 me (19), 2590 me (11), and 2508 me (12) thus being 411,

779, 385, 759, and 1059 me more negative than in the corre-

sponding fluoro amines. In the planar forms of the chloro amines

Figure 5. Strategic scheme for the investigation of the NF bond anomaly in

fluoro amines by stepwise changing the structure (pyr: pyramidal vs. pla:

planar), replacing the central atom, or the substituents by other atoms or

groups (steps 1–5). The major reasons for the bond anomaly (left: bond

contraction; right: bond destabilization) are given. [Color figure can be

viewed in the online issue, which is available at wileyonlinelibrary.com.]
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the negative charges are even higher, but follow the same over-

all trend: 2905, 2777, and 2707 me (Fig. 6).

The accepted covalent radius of Cl (0.99 Å) is considerably

larger than that of F (0.71 Å)[70] leading to longer bonds,

which increase with increasing chlorination (8, 9: 1.689, 1.707

Å; 10-12: 1.758, 1.759, 1.767 Å). A normal, i.e. inverse BSBL

relationship is observed, i.e. the longer NCl bonds have

smaller NCl stretching force constants (Table 1). For the pla-

nar chloro amines, the bond lengths contract with increasing

chlorination (1.692, 1.684, and 1.680 Å; Fig. 6) whereas their

bond strengths decreases: 4.311 (10), 4.147 (11), 3.969

mdyn/Å 12; (Fig. 6) thus suggesting a different electronic sit-

uation than in the pyramidal chloro amines. Hence, the

chloro amines follow just the opposite trends than for the

fluoro amines.

For chloro amines, the SOJT effect is smaller and decreases

from 10 to 12 as indicated by the lowering of the pyramidali-

zation angles (24.3 to 21.68) and low barriers to planarization

(Figs. 1 and 6), which increase with increasing chlorination

from 10.4 to 21.8 kcal/mol (Fig. 6).

Figure 6. Planar transition states (1 imaginary frequency unless otherwise given in purple after the bold number of the molecule) of the inversion at the

atom A in AX3 according to CCSD(T)/aug-cc-pVTZ calculations. DE values (in red) give the barrier to planarity in kcal/mol; bold black values denote A-X dis-

tances in Å, bold blue values AX stretching force constants in mdyn/Å. In normal print, NBO charges are given for A (blue), X (green), H (brown). For 5 and

6, bond angles (in degree) are also given. For 16 and 20, the C2v -symmetrical form with 1 imaginary frequency has an FPF (FAsF) angle of 87.4 (86.18).

[Color figure can be viewed in the online issue, which is available at wileyonlinelibrary.com.]
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The differing behavior of the NCl bonds (compared to that of

the NF bonds) has its origin in its different bond polarity. Due to

the fact that the N atom is negatively charged and Cl atoms pos-

itively, the covalent radius of N expands with increasing chlorina-

tion which is in line with the increasing anomeric delocalization

and weakening of the NCl bonds. For the planar chloro amines,

the shortening of the NCl bonds is due to an increased s charac-

ter and the resulting increase in electronegativity of the N atom

in addition to a better pp-pp-overlap. These trends can be easily

predicted considering (i) the charge distribution, (ii) the NBO

delocalization energies of Table 2 (smaller than for the NF bonds

but increasing with increasing chlorination where always the

multiplicity of a DE value, i.e. how often a given delocalization

value occurs because of symmetry and the number of halogen

atoms according to the number in parentheses in column 3),

and (iii) the increase of the A(lp) orbital energy upon planariza-

tion. The bond anomaly of the planar chloro amines is not pre-

dictable without the NBO analysis. Contrary to the fluoro amines,

the planar chloro amines possess, although anomeric delocaliza-

tion is generally lower (Table 2), additional anomeric delocaliza-

tion terms lp(Cl) ! r?ðNClÞ (NHCl2: 6.24: NCl3: 14.94 kcal/mol)

involving the r-lp (strongly dominated by 3s(Cl) character), which

for the planar fluoro amines does not play any role. This addi-

tional anomeric delocalization effect leads to a weakening of the

NCl bonds and the observed bond anomaly.

It seems that the NX bond anomaly depends on the bond

polarity of the NX bond (depending in turn on electronegativity

difference between A and X), the decrease of the bond length

because of a reduction of the covalent radius of A or X and/or

a rehybridization from sp to sp2 on the one side and possible

bond weakening effects because of lp(A)-lp(X) repulsion (diffi-

cult to quantify) and anomeric delocalization effects. In the pla-

nar forms, anomeric delocalization involving the lp(X,p) orbitals

should weaken the acceptor bond and strengthen the AX bond

to the donor. However if additional anomeric delocalization

involving lp(X,r) orbitals takes place the net effect is an AX

weakening. The latter effect also depends on well-tuned donor,

acceptor orbital energies and bond polarity.

Fluoro phosphines and their arsenic homologues. By replacing

N with P or As several electronic effects leading to a bond

anomaly should increase. The investigation of fluoro phosphines

14 to 16 and the fluoro arsines 18 to 20 reveals a drastic

increase in the positive charge at the P (from 1793 to 1 1709

me) and As atom (from 1863 to 11815 me, Fig. 1), which ful-

fills the prerequisite for bond shortening in line with a contrac-

tion of the covalent atomic radius. The calculated R(PF) (1.617,

1.594, 1.575 Å) and RðAsFÞ bond lengths (1.744, 1.721, 1.701 Å)

confirm this. The same holds for the planar fluoro phosphines

and arsines (P: 1.599, 1.584; As: 1.727, 1.712 Å; Fig. 6) where

however the second-order saddle points of 16 and 20 cannot

be included into the comparison because they indicate a SOJT

effect in the planar form that causes a deformation to C2v-sym-

metrical T forms.[82] The pyramidalization angles (up to 328; Fig.

1) and the barriers to planarity (up to 96 kcal/mol; Fig. 6) are in

line with a stronger SOJT (increase of the HOMO energy;

decrease of the HOMO-LUMO gap). Hence, the prerequisites for

a reverse BLBS relationship and AX bond anomalies seem to be

fulfilled.

However, the BSO values (based on the local PF and AsF stretch-

ing force constants increase rather than decrease: n(PF): 1.000,

1.055, 1.097 according to kaðPFÞ values of 4.601, 4.985, and 5.283

mdyn/Å; n(AsF): 1.000, 1.056, 1.106 according to kaðAsFÞ values of

4.276, 4.640, and 4.975 mdyn/Å (Table 1). The AsF bonds are some-

what weaker than the PF bonds in line with the calculated BDE val-

ues (P: 113.7, 124.1, 133.7; As: 102.4, 110.5, 118.3 kcal/mol; Table 1)

but both PF and AsF bonds are stronger than the corresponding

NF bonds according to stretching force constants and BDE values,

which reflect their increased ionic character.

The observations made for the phosphines and arsines in this

work help to identify the decisive electronic effects causing

bond anomalies. The anomeric delocalization effects are signifi-

cantly smaller for the fluoro phosphines and arsines than for

the amines (Table 2) where their multiplicity has to be taken

into account in each case. Additional F(lp) ! Ry(P) or Ry(As)

delocalization terms partially balance bond weakening caused

by the F(lp) ! r?ðAFÞ delocalization effects. Also, there is a

reduced lp(X)-lp(X) repulsion because of the longer AX bonds

and a larger positive charge at A. The bond weakening effects

become smaller whereas the polar (ionic) character of the AX

bonds increases with increasing fluorination, which always adds

to the bond strength of a bond.[89,90]

Figure 7. Valence molecular orbitals of O2 (3R2
g ),: NF (3R2 , 23), and: CNF (1R1 , 22). Restricted Hartree-Fock/6-31G(d,p) calculations.
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Second row alternatives. Replacing the N atom with an O

atom leads to a decrease in the bond polarity and a smaller

change in the charge on the O atom (1486 me) when chang-

ing from HOH (28; O: 2895 me) to HOF (29; O: 2301; F: 2142

me) and FOF (30; O: 1185; F: 293 me; NBO-CCSD(T) values).

Nevertheless, the contraction of the covalent radius of O

decreases the OF bond from 1.437 (HOF to 1.407 Å (FOF). The

OF bond shortening causes enhanced through-space lp(F)-lp(F)

repulsion in FOF, which together with the anomeric delocaliza-

tion effect lp(F) ! r?ðOFÞ (2 3 10.58 kcal/mol) leads to bond

weakening. The latter is documented by the CCSD(T) local OF

stretching force constants kaðOFÞ (4.326 in HOF; 4.032 mdyn/Å

in FOF; BSO values change from 1 to 0.982, Table 1). Again, this

indicates a reverse BLBS relationship and an OF bond anomaly.

Effects are slightly larger than in the case of the fluoro amine

radicals (Fig. 1) because the OF bond is weaker than the NF

bond in the amino radicals 2 and 3 and therefore lp-lp repul-

sion more sensitively registered (see Table 1).

Two remarks are appropriate in connection with the investiga-

tion of bonding between strongly electronegative atoms. (i) The

calculation of accurate geometries and vibrational frequencies in

the case of O-F containing species is a challenge as has been

demonstrated by Kraka et al. in the case of FOOF.[91] The

CCSD(T)/aug-cc/pVTZ geometries of the current work are in

excellent agreement with the available experimental data;[92,93]

(29: R(OF) 5 1.437, experimental value: 1.434 Å; 30: R(OF) 5 1.407,

experimental value: 1.403 Å) thus providing evidence that the

observed BLBS anomaly for FO bonds is real. (ii) The investigation

of triatomic molecules might suggest that the conversion of nor-

mal into local modes is not needed to determine the intrinsic

bond strengths of these molecules. Empirical bond strength esti-

mates being based on (coupled) normal mode force constants

have been suggested. Politzer and Habibollahzadeh[11] derived

an empirical bond order n(AB) from the bond length R(AB) and

the corresponding normal mode force constant k(AB), which was

used for the molecules discussed above. The normal mode

decomposition into local modes (see Supporting Information)

suggests that mode 1 of 29 has 99.5% OF character, (x1 5 919,

xa
1 5 920 cm–1), i.e. any empirical relationship based on the k1

value will give reasonable results. However, in molecule 30 with

its two OF bonds, the asymmetric mode 2 is equally composed

of both OF local stretching modes, whereas the symmetric mode

3 is composed of 23 47.4% local OF stretching and 5.2% FOF

bending character. The corresponding normal mode frequencies

are x2ðB2Þ5 864 cm–1 and x3ðA1Þ5 951 cm–1 whereas the true

local stretching frequency xaðOFÞ is 888 cm–1, i.e., the kinemati-

cally decoupled value is totally different from any of the normal

mode frequencies. Therefore, a bond strength relationship based

on normal rather than local mode stretching force constants is

highly erroneous.

One could expect for FOOF a similar effect as found for FOF,

where however, the former has an extremely long OF bond (exp:

1.586;[94,95] MP6/CBS: 1.588; CCSD(T)/CBS: 1.534; CCSD(T)/aug-cc-

pVTZ: 1.542 Å).[91] This is a result of a strong anomeric delocalization

of the lp(O) electrons into the vicinal r?ðOFÞ orbitals (delocalization

energy: 2 3 54.82 kcal/mol) thus generating with the longest OF

bond also the shortest OO bond of a peroxide (OO: 1.216 Å).[91] Con-

trary to FOF, FOOF follows an inverse BLBS relationship. The long OF

bond leads to a CCSD(T) stretching force constant of just 1.825

mdyn/Å, which is in line with the strong anomeric delocalization

into the OF bond and its inevitable bond weakening.

Diazenes, Carbenes, Nitrenes, etc. The strongest NF bonds

(n range 1.3–1.4, Fig. 1 and Table 1) are found for 23 (n 5 1.312,

R(NF) 5 1.318 Å) and 22 (n 5 1.399, R(NF) 5 1.306 Å). Triplet

nitrene NF (23) is isoelectronic with O2 and therefore should

have significant double bond character (see MO-diagram in

Fig. 7). The linear singlet carbene: C@NF (22) forms two orthogo-

nal 4p systems with a bonding and nonbonding p MO being

occupied (1p and 2p in Fig. 7) thus leading to a formal MO

bond order n(MO) of 2 (bond polarities not considered), which

has to be compared with a BSO value of 1.399 (Table 1). cis–

HN@NF (24) and cis–FN@NF (26) have longer NF bonds due to

increased anomeric delocalization (cis: lp(N) ! r?ðNFÞ; 26.84

kcal/mol and lp(F) ! r?ðNNÞ; 11.00 kcal/mol; trans: 8.95 and

14.29 kcal/mol), which causes bond lengthening and weakening.

Formaldimine 21 takes an intermediate position (see Fig. 3). For

molecules 21 to 27, a normal inverse BLBS relationship is

observed (Fig. 4a) indicating that N-contraction effects caused by

just one or two F substituents do not lead to a bond anomaly.

The danger of using BDE values as intrinsic bond

strength descriptors

In this work, we have also calculated G4 BDE and BDH(298)

values to emphasize the shortcomings of these parameters as

reliable descriptors for the intrinsic bond strength. In this con-

nection one has to differentiate between two definitions of

what is commonly called bond strength. (i) If one wants to

describe fragmentation patterns, e.g., in connection with a

mass spectrometry experiment, then BDE values are preferable.

The term bond strength is then used as a reaction parameter

that includes all changes during the reaction such as bond

breaking, rehybridization, electron density reorganization, spin

decoupling, energy effects resulting from avoided crossings (in

the case of diatomics), Jahn-Teller and pseudo Jahn-Teller

effects, new conjugation possibilities in the fragments, etc. (ii)

If one wants to describe the strength of the bond as an intrin-

sic parameter that refers to (i) the equilibrium geometry of a

molecule, (ii) is determined by the electronic structure of the

molecule, (iii) related to its thermochemical stability, and (iv)

provides a means to directly compare bond strengths of differ-

ent molecules, then the local stretching force constants are

preferable. Often BDE values are used as parameters describ-

ing the intrinsic bond strength. For example, for the radical

fluoro amines, the fluoro amines, and the fluoro oxides, both

BDE and BDH values correctly reflect the NF bond anomaly

and seem to be suitable to describe the intrinsic bond

strength. However, in the case of formaldimine 21, the car-

bene 22, and the nitrene 23 this impression is corrected: BDE

values of 68.8, 54.8, 77.6 kcal/mol are in clear contradiction

with the BSO values of 0.935, 1.399, 1.312 (Table 1), which has

to do with the fact that the dissociation of the N-F bonds in

the three molecules leads to totally different stabilization pos-

sibilities for the defluorinated fragments. Even more drastic is
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the failure of the BDE values as intrinsic bond strength param-

eters in the case of the fluorinated diazenes. Since a single

electron can delocalize in �N@N-F thus leading to a relative

stable radical, the BDE value for 26 is just 20.6 kcal/mol and

by this far below the other calculated BDE values (Table 1).

Often the argument is passed forward that the BDE values

might describe at least qualitatively the correct trend of the

intrinsic bond strength. However, numerous examples have

been shown[35,37–39,46,96] that this hope lacks any quantum

mechanical basis and therefore it is always desirable to obtain

the intrinsic strength of a bond from vibrational spectroscopy

as the local stretching force constants can be always derived.

Conclusions and Outlook

A critical re-evaluation of previously suggested reverse BLBS rela-

tionships and the bond anomalies indicated by them, reveals

that they are (i) rare and (ii) in most cases relatively small so that

high-accuracy quantum chemical calculations as carried out in

this work or alternatively spectroscopic investigations in the gas

phase are needed to reliably document them. In this work, we

have found bond anomalies for (a) fluoro amine radicals, (b) flu-

oro amines, and (c) fluoro oxides. They do not exist for the equi-

librium forms of the higher homologues such as the chloro

amines, the fluoro phosphines or the fluoro arsines.

The study of AB bond anomalies requires a suitable bond

parameter that reliably reflects any changes in the intrinsic bond

strength. This should be preferably a dynamic bond parameter,

which probes the strength of the bond for an infinitesimal

change in its length. The local stretching force constants derived

from the local vibrational modes provide the perfect measure

for this purpose as they can be directly derived from either

measured or calculated normal mode frequencies.[3,28,29,97]

A reverse BLBS relation always requires two (or more) oppos-

ing electronic effects: One, which leads to a bond shortening,

and one, which leads to increased bond weakening with

decreasing bond length. For the N-F single bonds investigated,

the first effect is a decrease in the covalent radius of the central

atom due to a strong withdrawal of negative charge as it occurs

with increasing fluorine substitution. This of course leads to a

contraction of the valence orbitals and subsequently to shorter

bonds. For the O-F single bond, the same effect holds, but in

general other bond shortening effects can also play a role. We

note in this connection that scalar relativistic effects also lead to

an orbital contraction and shorter bonds, which in the case of

the mercury atom implies a strongly reduced donor ability and

weaker bonds as for example documented by the relativistic and

non-relativistic bond energies and stretching force constants of

HgO and related molecules.[98–100] Hence, other than electron

withdrawal effects can lead to shorter bonds in connection with

a bond anomaly, but have not been found so far considering

that for the HgO example a model BLBS reference in form of a

non-measurable non-relativistic bond has to be taken.

Once the bond has been shortened, then anomeric delocaliza-

tion of the lp(F) electrons into the NF bond and lp(N)-lp(F) or lp(F)-

lp(F) repulsion can lead to bond weakening and the observed

bond anomaly. As shown for the cases of the planar fluoro amines

and the planar chloro amines, the prediction of a bond anomaly is

difficult because of a complex interplay of different reasons: (i) NX

bond weakening can be annihilated by electronic effects such as

improved pp-pp-overlap (in the planar forms), p-delocalization in

connection with lp(X) ! Ry(A) effects, or a depopulation of the

lp(A) orbital (decreasing lp-lp-repulsion). (ii) Alternatively, bond

weakening can be enhanced by additional 3s(Cl)! r?ðAXÞ deloc-

alization effects as in the case of the planar chloro amines. These

additional effects are triggered if bond polarity (determined by

effective electronegativities) and electron delocalization comple-

ment each other in an effective way. It is easy to predict which mol-

ecules should not and which should be prone to bond anomalies.

However, for being able to predict that pyramidal chloro amines do

not and planar chloro amines do suffer from a bond anomaly a

quantitative analysis is needed. It remains as a fact that in any case

considered, a reduction of the covalent radius of either central

atom or substituent is a prerequisite.
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