

  chemistry-04-00082




chemistry-04-00082







Chemistry 2022, 4(4), 1226-1249; doi:10.3390/chemistry4040082




Essay



Hypervalence: A Useful Concept or One That Should Be Gracefully Retired?



Nicholas C. Norman * and Paul G. Pringle *





School of Chemistry, University of Bristol, Bristol BS8 1TS, UK









*



Correspondence: n.c.norman@bristol.ac.uk (N.C.N.); paul.pringle@bristol.ac.uk (P.G.P.)







Academic Editor: Edwin Charles Constable



Received: 29 June 2022 / Accepted: 9 September 2022 / Published: 8 October 2022



Abstract

:

In this essay the origins of the term hypervalence and its application in p-block element chemistry are considered and it is argued that the term should now be consigned to the graveyard of concepts that no longer afford any discernible value or insight, certainly from an educational perspective. In contrast, the educational merits of the octet rule are also examined where it is concluded that this rule does have significant pedagogical value, albeit mostly within the ambit of introductory level explanations. For a few of the chosen exemplar compounds, a selection of orbital-based analyses, at different levels of sophistication, are also considered, and their values appraised together with a brief survey of some of the more general computational studies which have been employed in relation to this topic.
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1. Introduction


In 2015, an edited volume by J. Brockman was published entitled ‘This Idea Must Die: Scientific Theories That Are Blocking Progress’ [1]. This work comprises a large collection of short, wide-ranging essays written by scientists and philosophers covering ideas or theories that the authors maintain should be killed off for the reason captured in the sub-title of the book itself, i.e., that they are blocking progress in that particular discipline or, indeed, in science and philosophy more broadly. However, as the chemist and philosopher Eric Scerri remarked in 2019 in ‘Five Ideas in Chemical Education that Must Die’ [2], not one chemist was amongst the many (175!) authors who contributed to Brockman’s collection, an omission to which he took some exception, as is evident from the short quote reproduced below [2].




“Remarkably, there is not a single chemist among the authors, thus reinforcing the misconception that chemistry lacks any philosophical substance or profound intellectual content. The steady growth in interest in the philosophy of chemistry since the early 1990s demands that this situation be rectified by considering what chemical ideas may also be in need of ‘killing off’.”





As promised in the title of his article, Scerri went on to consider five ideas in chemistry which, in his opinion, it was time to discard. These were specific ideas associated with the topics of: (i) whether a pH of 7 always indicates neutrality; (ii) Le Châtelier’s principle; (iii) the occupation of 4s orbitals in first row transition metals; (iv) the anomalous electron configuration of chromium; and (v) which elements should (and should not) constitute Group 3 of the periodic table. The reader is referred to [2] for the details of Scerri’s arguments which will not be reprised here, but to his list of five, we would like to add a sixth: the concept of hypervalence as applied to certain aspects of p-block element chemistry. The case for suggesting that this idea or concept, which will be defined and exemplified shortly, should be abandoned will form the core of this essay, but we state from the outset that our focus is principally on whether or not hypervalence has any merit in an educational context, and we fully concur with the recent statement made by Schwerdtfeger and Frenking and co-workers that, ‘Chemical bonding models are not right or wrong, they are more or less useful’ [3], and with a somewhat earlier remark by Dewar that, ‘The only criterion of a model is usefulness, not its “truth”’ [4]. It is not, therefore, about whether the concept of hypervalence is right or wrong, although we will note some intrinsic inconsistencies, it is more about whether or not it is useful. It will be argued here that it is not useful because we are not convinced that the term offers any tangible benefit in describing the compounds to which it is or could be applied. In developing our argument, it will be necessary to consider the value of the octet rule, about which we shall be rather more positive, albeit with certain provisos, and it will also be useful to examine some of the orbital-based bonding models, computational methods, and graphical representations that offer an alternative explication of the topics under scrutiny. We make no pretence at being comprehensive, or even especially rigorous, and will do no more than adumbrate some of the studies which relate to this subject. We have sought, however, to recount enough of the salient history to make our case and to highlight the contributions made by some of the key protagonists in this story.




2. Some Definitions and Examples


The noun hypervalence and the adjective hypervalent are most often encountered in descriptions of p-block element compounds which may be considered to have more than eight valence electrons around the central atom, which serves as the basis for the most general definition of hypervalence: hypervalent compounds are those which apparently violate the octet rule. Before introducing some examples, however, we must first be clear about the meaning of the root term, valence. The origin of the concept of chemical valence itself is generally credited to Frankland and Kekulé and dates from the 1850s (Appendix A Note 1) [5,6,7], but we have adopted the simple and largely unambiguous definition provided by Sidgwick in the 1920s, which defines the chemical valence (or simply, valence) of an element as the number of electrons it uses in bonding (Appendix A Note 2) [8]. Thus, for example, the phosphorus atom in PF3 is classified as trivalent because the phosphorus uses three of its five valence electrons in bonding, the remaining two being present as a non-bonding or lone pair, as shown in A. In contrast, in PF5 (B), the phosphorus is described as pentavalent because it uses all five of its valence electrons (Appendix A Note 3) [9]. More generally, one can assign the valence of an element by simply subtracting the number of electrons in formal Lewis-type lone pairs (if present) from the total number of available valence electrons, in accordance with Parkin’s comment that the determination of an atom’s valence in any particular compound follows straightforwardly from a simple Lewis structure [10]. It should be stressed, however, that valence is a classical concept, as noted by Smith [11], which will be important to bear in mind when considering the molecular orbital energy-level diagrams discussed later. With regard to the prefix hyper-, this is defined by the Oxford English Dictionary as over, beyond, above or excessively [12], and our objection to the term hypervalence arises, in part, from this definition. For similar reasons, we will also object to the use of the prefixes hypo- and sub-, which are sometimes encountered in this context (Appendix A Note 4).



As a minor but important digression, it is worth highlighting at this point that the terms valence and oxidation state (or oxidation number) are sometimes conflated and used interchangeably, but this is an error because their definitions are quite different, as the following examples will illustrate [10,11,13,14]. In the molecule PF3, the phosphorus is trivalent with a formal oxidation state of P(III) such that in this instance, the valence and oxidation state have the same numerical value. However, in P2F4 (C), the phosphorus remains trivalent but has a formal oxidation state of P(II) (Appendix A Note 5) [15,16]. Any description of the phosphorus in P2F4 as subvalent (or even low-valent) is therefore equivocal. P2F4 can be described as a compound of P(II), but the phosphorus is not divalent, a genuine example of which would be isolated PF2 radicals. We suggest, therefore, that using prefixes such as hypo- or sub- (or perhaps even low-) in association with the term valence is, at best, ambiguous and at worst, misleading, and can be incorrect if employed as synonyms for a low oxidation state, a circumstance not unknown in the chemical literature [10,11]. In this essay, we will argue that use of the prefix hyper- is also ambiguous, as well as being unnecessary, and conclude that the only prefixes of any educational virtue in the context of valence are those of Greek provenance which denote a number such as in trivalent and pentavalent; only the purists object to a Greek prefix in association with a Latin stem [5].
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As promised above, the curtain will now be raised to reveal some examples of compounds typically classified as hypervalent, and a far from exhaustive list is presented in Table 1. It is evident that most comprise fluorides, oxides, and oxyhalides of the elements of Groups 14–18, but other examples include coordination complexes as well as certain poly-alkyl and poly-aryl species. For the sake of clarity, the number in parentheses for each compound is the formal number of valence electrons associated with the central element centre but having listed some examples and offered a concise definition, the origins of the term hypervalence must now be examined.




3. Historical Origins and Early Bonding Models


A brief but excellent summary of the origin and history of the concept of hypervalence has been provided by Jensen (Appendix A Note 6) [17], which begins with reference to the introduction of the term itself by Musher in 1969, who proposed a description of the bonding for those compounds of Groups 15, 16, 17, and 18 in which the valence of the element concerned exceeded 3, 2, 1, and 0, respectively (Appendix A Note 7) [18]. Thus, according to the proposal set out by Musher, trivalent PF3, for example, would be considered as a compound containing ‘normal’ covalent P–F bonds (which he designated as CV bonds), whereas the description of pentavalent PF5 incorporates so-called ‘hypervalent’ (HV) bonds associated with the linear F–P–F unit in structure B. PF5 is, therefore, according to Musher, considered to be a compound featuring hypervalence (Appendix A Notes 8,9), a definition of hypervalence also adopted by Weinhold and Landis, whose contributions we will return to later [19]. Innocuous as Musher’s proposal may have seemed, it would lead to decades of debate which had, in fact, already started almost half a century earlier.



Thus, a long-standing point of contention had been whether or not compounds such as PF5 (PCl5 was the example used in the early literature) or SF6 violate the octet rule. This well-known rule had originated with Lewis and, separately, with Langmuir in the 1910s, Lewis having first described his ‘rule of eight’, whereas it was Langmuir who later introduced the term ‘octet’ [20,21]. As Jensen relates, however [17], the discussion between the two regarding violations of the rule had begun in earnest in the 1920s, with Lewis [22] favouring a description where all bonds were two-centre, two-electron (2c,2e) bonds (based on his even more foundational ‘rule of two’ that defines the electron pair bond), whereas Langmuir [23] argued for the primacy of the octet rule even in those compounds that appeared to violate it.



If we consider PF5 as an example, an insistence on all P–F bonds being 2c,2e bonds requires an expansion of the octet to accommodate 10 valence electrons around the phosphorus (5 from the phosphorus and 1 each from the five fluorine atoms), where each of the P–F bonds shown in B would be of the 2c,2e type. However, an alternative, partially ionic description of the bonding, shown in D, allows for retention of the octet around phosphorus. In this depiction, any one of the fluorine atoms could carry the negative charge and the structure of PF5 would involve a ‘resonance’ between the five possibilities which also implicitly recognises the polarity of the P–F bonds based on the greater electronegativity of fluorine compared with phosphorus. A more detailed consideration of these two bonding models for PF5, along with others set out below, provide the foundations upon which our argument concerning hypervalence will be constructed.



 [image: Chemistry 04 00082 i002]



Examining first structures of type D, these were proposed by Pauling in the 1940s and further discussed by Coulson in the 1960s in terms of the Valence Bond (VB) theory of electronic structure [24,25]. It is fair to say that representations of this nature involving resonance between ionic or partly ionic forms have become rather less favoured in recent decades, although they have some merit, as noted above, in drawing attention to the polar nature of the bonds concerned. We will return again to this ionic representation, but for the fully covalent description implicit in structure B, the nature of the orbitals involved becomes all-important and the accompanying electronic structure has been described in terms of both VB theory and Molecular Orbital (MO) theory, the essentials of which should now be considered.



The first point to note is that Musher’s original bonding model involved only the valence s and p orbitals in a manner that did not result in compounds such as PF5 violating the octet rule. In fact, Musher’s model bore some resemblance to one proposed by Sugden in the 1920s and 1930s, in which the axial P–F bonds (i.e., those in the linear F–P–F unit) were represented as two-centre, one-electron (2c,1e) bonds, thereby retaining an octet overall (three equatorial 2c,2e bonds and two axial 2c,1e bonds) [26]. This was later developed in the 1940s and 1950s by, amongst others, Rundle and Pimentel into the three-centre, four-electron (3c,4e) bonding model [27,28]. Thus, in PF5, the three equatorial P–F bonds may be described as 2c,2e bonds formed using sp2 hybrids on the phosphorus, whereas the linear, axial F–P–F unit would comprise a 3c,4e interaction involving the remaining phosphorus p orbital. In this arrangement, the bonding orbital is delocalised over all three atoms but, crucially, the non-bonding orbital is localised only on the two fluorine atoms, with no contribution from the central phosphorus. A total of eight electrons are therefore associated with the phosphorus centre: three 2c,2e equatorial P–F bond pairs and two from the bonding 3c,4e pair for the F–P–F unit. A rendition of the 3c,4e MOs for the axial F–P–F unit is presented in Figure 1, which shows the filled low-energy, three-centre bonding orbital and the filled non-bonding orbital, the latter localised only on the two fluorine atoms (Appendix A Note 10). To a first approximation, therefore, both this multicentre bonding model (or indeed Musher’s original 2c,1e model) and the ionic alternative (D) already obviate any concerns that the octet rule is violated, at least for PF5, and thereby undermine the foundations on which the concept of hypervalence is based. However, there are other models to consider before reaching any premature conclusions.



Remaining with PF5, an alternative bonding model involves the use of vacant d orbitals, and this was discussed as early as the 1940s by Pauling, although he was more in favour of the ionic bonding description shown in D [24]. Thus, although the primary valence orbitals for phosphorus are the 3s and the three 3p orbitals, the vacant 3d orbitals are potentially available for bonding. On this basis, using a single d orbital, a set of five dsp3 hybrids can be constructed which allows for each P–F bond to be a 2c,2e bond and PF5 would therefore have 10 valence electrons associated with the phosphorus centre: 5 from the phosphorus and 1 from each of the five fluorine atoms (as noted above and implied in B) if each solid line is taken to represent a 2c,2e bond (Appendix A Note 11) [29]. Similarly, the molecule SF6 would have six 2c,2e S–F bonds arising from six equivalent sulphur-centred d2sp3 hybrids. We can assert that this hybridisation model reflects a prejudice for retaining the 2c,2e bonds favoured by Lewis and others and which underlies the modern definition of hypervalence applied to compounds with more than eight valence electrons. However, this proposal hinges critically on the energetic availability (and, to some extent, the radial extension) of 3d orbitals in these and cognate examples.



From at least the 1980s with Kutzelnigg [30], and certainly by the early 1990s from authors such as Magnusson [31] and Reed and Schleyer [32], 3d orbitals in this context have been demonstrated by means of quantitative electronic structure calculations to be energetically unavailable (i.e., too high in energy (Appendix A Note 12)); on this basis, these and many other authors, notably Gilheany [33], have argued that any bonding model incorporating d orbital hybrids such as dsp3 and d2sp3 should be abandoned. Curnow [34,35] and Galbraith [36] (Appendix A Note 13) each offer useful summaries, but a more recent, comprehensive overview of this topic has been included in a review by Schwerdtfeger, Frenking, and co-workers, from which we take the following quotation [3].




“The extension of the valence space to d-orbitals, which was earlier suggested to explain the stability of so-called hypervalent molecules, was discarded on the basis of quantum chemical calculations. Atomic orbitals with higher angular momentum such as d and f functions only serve as polarization functions for the sp space, but they are not genuine valence orbitals in main-group compounds.”





Having outlined some of the relevant history above, we are now in a better position to state the kernel of our argument. Thus, any bonding model for compounds such as PF5 and SF6 based on 2c,2e bonds involving d orbitals and d orbital hybridisation must be considered untenable. This assertion, together with the merits of the simple 3c,4e description or an alternative ionic representation, both of which we have outlined for PF5, challenge the foundations upon which the concept of hypervalence is built because there is no longer any reasonable basis for maintaining that the octet rule is violated, at least at the level of sophistication examined so far. However, the localised 3c,4e bonding picture is a rather simplistic model and not one well suited to a description of higher symmetry species such as SF6. We should therefore consider some rather more substantive MO-based analyses and will commence with SF6 and PF5 before looking at further examples of EFn species. As will become clear, matters start to become a little more complicated with regard to the octet rule, and also with how the valence of the central atom is determined but not, we suggest, in a manner which undermines our critique of hypervalence.




4. Molecular Orbital Analyses


Looking first at SF6, a simple, σ-only qualitative MO energy-level diagram is shown in Figure 2 [37,38,39,40] (Appendix A Note 14). If we focus initially on those interactions shown in blue and red, it is clear, using group theory arguments based on the Oh point group, that SF6 has four occupied bonding orbitals (1a1g and 1t1u). An occupied pair of non-bonding orbitals localised on the fluorine atoms (1eg) is also present (shown in purple). This amounts to 12 electrons overall but, importantly for the argument advanced here, only 8 electrons (i.e., an octet) are associated with the sulphur centre itself. If we now consider the sulphur 3dz2 and 3dx2–y2 orbitals (also shown in purple), these do have the correct symmetry to overlap with the fluorine-based eg set, but the crucial factor is the energy gap indicated in Figure 2 as ΔE. Thus, if ΔE is large as a result of the sulphur 3d orbitals being high in energy, in accordance with the calculations described in the previous section [31,32], the corresponding involvement of the d orbitals in any bonding is negligible, the more so, the larger is ΔE. This is illustrated in Figure 2 by the 1eg MOs being drawn at the same energy as the fluorine-based eg set.



It is worth mentioning at this point that there are a few 14-electron species with Oh symmetry, such as the anions [SbCl6]3− and [TeCl6]2−, that have an additional pair of valence electrons compared with SF6 which occupy the antibonding 2a1g orbital shown in Figure 2, the energetic accessibility of which becomes increasingly favoured for species incorporating heavier p-block elements (Appendix A Note 15). Inasmuch as this orbital has a component located on the central atom, it can certainly be argued that there are more than eight electrons associated with the central element in apparent violation of the octet rule, but we will return to the matter of the octet rule later.



Turning now to PF5, a qualitative, σ-only MO energy-level diagram is shown in Figure 3 [37,38,39,40] which reveals four bonding orbitals labelled 1a1’, 1a2’’, and 1e’ (assigned based on the D3h point group) shown in blue, green, and red which involve the phosphorus s, pz, and px,y orbitals, respectively. However, there are two fluorine-based orbitals that have a1’ symmetry. One of these interacts with the phosphorus 3s orbital to yield the strongly bonding MO labelled 1a1’ shown in blue, whereas the other a1’ orbital (shown in purple) is essentially non-bonding with respect to the phosphorus 3s orbital and becomes the MO labelled 2a1’. This latter a1’ orbital does have the correct symmetry to overlap with the phosphorus 3dz2 atomic orbital (also of a1’ symmetry in D3h) but assuming, for reasons already given, that the energy separation ΔE shown in Figure 3 is large, this interaction will be negligible. The relative contributions that all of the orbitals make to the bonding picture in trigonal bipyramidal molecules related to PF5 will vary according to the elements involved, but the essential picture of four pairs of electrons that constitute the primary bonding manifold is likely to persist, which remains consistent with our thesis, thus far at least, on the usefulness of the octet rule. Much the same comment regarding PF5 has been made by Schwerdtfeger, Frenking, and co-workers [3].



It is interesting to note that the simple 3c,4e description of the axial F–P–F unit is reflected in the combination of the filled 1a2’’ and 2a1’ orbitals in the MO analysis shown in Figure 3, but the localised 3c,4e model is not obviously discernible in the MO-based analyses of more delocalised systems such as SF6, or in the other EFn species described below. We should not necessarily expect it to be, however; the 3c,4e model is a much simpler model than the more expansive MO-derived schemes.



We can, in fact, take this MO-based approach one step further. Thus, extrapolating from the MO diagrams for SF6 and PF5 presented in Figure 2 and Figure 3, an approximate general MO scheme can be constructed, as shown in Figure 4, which covers the compounds EFn, where n = 4–8, in which E achieves its maximum or group valence [9]. This MO scheme reveals that, in each case, a closed-shell structure (where all bonding and non-bonding orbitals are filled) is obtained for an electron count of 2n. Importantly for the argument advanced here, however, in each example, the central atom E has an octet of electrons in four strongly bonding orbitals, whereas the largely non-bonding electrons are predominantly or exclusively localised on the fluorine atoms, as discussed in detail for SF6 and PF5 above. The extent of d orbital participation will depend on ΔE, but because this is assumed to be minor, any resulting stabilisation of the non-bonding MOs is negligible.



Having examined the particular EFn species above, there are, nevertheless, many so-called hypervalent compounds EFn where the classical valence of the element E is less than the maximum possible or group valence and which have one, two, or three non-bonded or lone pairs associated with the central element; examples include SF4, IF3, IF5, XeF2, XeF4, and XeF6, as well as numerous cationic and anionic derivatives. A brief examination of two such compounds is warranted in the context of this essay since this leads to some important general conclusions pertinent to our thesis, and accordingly, simple qualitative, σ-only, MO energy-level diagrams for IF3 and XeF4, ignoring d orbital involvement and any s–p mixing, are presented in Figure 5 and Figure 6, respectively [37,38,39,40]. A selection of similarly constructed MO energy-level diagrams for other lower-valent EFn species has been collected in the Supplementary Materials.



For IF3, in C2v symmetry, we observe three bonding orbitals (1a1, 1b1, and 2a1) and two occupied orbitals at higher energy (3a1 and 1b2). For XeF4, the analysis in D4h symmetry reveals a broadly similar picture with three bonding orbitals (1a1g and 1eu), and two higher-energy orbitals (2a1g and 1a2u), but now with a fluorine-based orbital (1b1g) which finds no symmetry match amongst the xenon s and p orbitals. Regarding the general conclusions anticipated above, there are two points that emerge which are important to highlight.



First, for both IF3 and XeF4, it is clear from Figure 5 and Figure 6 that, in each case, there are 10 electrons (5 pairs) in orbitals that have a component associated with the central element. An account of the bonding in terms of a simple octet rule therefore becomes less tenable for these and related lower-valent EFn species once we embark on this type of MO analysis (for more on other examples, see the Supplementary Materials), but as we will argue later when considering π-bonding interactions, this offers little in the way of any reprieve for the concept of hypervalence. It is also apparent from Figure 5 and Figure 6 that, unlike in the example of PF5, one cannot straightforwardly extract any component that constitutes an isolated 3c,4e interaction (simplistically, one such interaction would be present in IF3 and an orthogonal pair in XeF4) (Appendix A Note 16).



The second point relates to the determination of a classical valence and whether or not this is reflected in the MO diagrams for the EFn species we have considered. There is nothing particularly contentious in relation to the sulphur and phosphorus valences in SF6 and PF5, but what of IF3 and XeF4, which would be classified as having trivalent iodine and tetravalent xenon according to the definition of valence outlined earlier? For IF3, if we accept that the 1b2 orbital is non-bonding but also consider the 3a1 orbital to be predominantly non-bonding, because it is so close in energy to the iodine s (a1) orbital, one arrives, approximately, at a situation with three bonding and two non-bonding orbitals consistent with a classical Lewis structure and a formal trivalent classification. For the 3a1 orbital, this non-bonding designation becomes rather more obvious once s–p mixing is allowed, where it takes on more of the form of a lone pair [37]. One can offer a similar argument in support of a tetravalent xenon in XeF4 (with 1a2u and 2a1g assigned as lone pairs on Xe), and although we should reiterate that valence is a classical concept, its determination can be seen to emerge from a more sophisticated MO analysis, at least at this level of approximation. Further discussion of these and other MO diagrams in terms of classical valence is given in the Supplementary Materials.



In concluding this MO-based analysis, we might now be tempted to pronounce that our argument against the concept of hypervalence is justified. Based on the energetic unavailability of d orbitals and the simplicity of the 3c,4e (or ionic) bonding model, we would argue that our case is certainly secure at this level, but there is a little more work still required since, as we have shown in this section, an octet-based description of many (although not all) EFn compounds does not survive a more detailed MO analysis. Before considering this matter in more detail, however, we must first review the work of Gillespie, as well as Robinson, who have both been critical of the term hypervalence, although for rather different reasons from those advanced here [41,42,43,44,45,46] (Appendix A Note 17).




5. Historical Criticisms


Much of Gillespie’s criticism of hypervalence initially stemmed from what he considered to be a general misunderstanding of the original ‘rule of eight’ proposed, as stated earlier, by Lewis [20,22], and later described by Langmuir [21,23] as the octet rule. Thus, Lewis originally considered that an electron pair in a bond could be counted equally for both atoms in terms of its overall electron count such that in the molecule XY shown in E, both X and Y can be said to have eight electrons and obey the octet rule, regardless of any polarity in the X–Y bond resulting from a difference in electronegativity between X and Y. In an ionic structure such as F, however, whereas atom Y would retain eight electrons, atom X would now have only six electrons. On this basis, for a polar covalent bond where Y is more electronegative than X, it could be argued that X would have fewer than eight but more than six electrons associated with it, which Gillespie describes in terms of a modified octet rule that an atom obeys by having eight or fewer electrons, although he was also critical of this modified rule because the value of eight is not particularly privileged in this scheme.
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Thus, Gillespie’s criticism of the octet (or modified octet) rule was that it was only ever an empirical observation by Lewis, albeit one of broad significance, but one where Lewis himself recognised exceptions such as PCl5 and SF6 (which have more than eight electrons), and also BF3 (which has fewer than eight electrons). Too much emphasis had therefore been afforded to the rule being more fundamental than was actually warranted. This was also the basis of Gillespie’s aversion to structures such as D which, he claimed, were arbitrarily drawn merely to support the octet rule itself, i.e., there was no defensible reason for preferring D over B, or indeed over an even more ionic description such as G. Gillespie was similarly critical of drawing BF3 in the manner shown in H, arguing that this representation was also biased by an unwarranted adherence to the octet rule.
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These arguments, together with the many compounds such as PF5 and SF6 which ostensibly have 10 and 12 electrons around the central element, respectively (Table 1), were the crux of Gillespie’s hypothesis that the usefulness of the octet rule had become diminished, particularly as more and more examples of compounds which violate it had been characterised. It is interesting, however, that Gillespie and Robinson did propose a duodecet rule to complement the octet rule. Briefly, their proposal was that the stability of compounds such as CF4 and SF6 could be attributed to the presence of 8 and 12 valence electrons around the carbon and sulphur centres, respectively, further supported, in their view, by the observation that the 6- and 10-electron compounds BF3 and PF5 readily accept a fluoride ion to form the much more stable (or less reactive) 8- and 12-electron species [BF4]− and [PF6]− [41,46]. The fact that 8-electron SiF4 reacts with fluoride to form the 12-electron [SiF6]2− anion to some extent undermines the simplicity of this idea, the basis of which is more easily rationalised in terms of accessible coordination numbers (four for the 2p elements and six for the 3p elements), but we will return to the matter of coordination numbers later.



In seeking to better understand the bonding in a molecule such as PF5, in addition to rejecting the value of any ionic structures such as D, Gillespie accepted that d orbital hybridisation had been shown to be untenable for the reasons already described. However, he was also critical of the 3c,4e bonding model on the basis that it was predicated on there being a fundamental difference between a 2c,2e and a 3c,4e bond, thereby affording a different nature to the equatorial and axial P–F bonds in PF5. Thus, as noted earlier, in the Rundle/Pimentel model, the equatorial P–F bonds are presumed to be 2c,2e bonds, which implies a bond order of 1, whereas the axial P–F bonds, using the 3c,4e model, would each have a bond order of only 0.5. However, as Gillespie stressed, the measured P–F bond lengths in PF5 are actually quite similar (P–F(eq) 1.543 Å and P–F(ax) 1.577 Å) which is not consistent with them having markedly different bond orders (although axial and equatorial bond lengths differ rather more in PCl5 and SF4) [41] (Appendix A Notes 18,19).



The approach to understanding the bonding in species such as PF5 and SF6 that Gillespie preferred was largely based on insights derived from a computational method known as the electron localisation function (ELF), which can be expressed in terms of localised orbitals and derived bond orders [42,43]. The details of the ELF function are described in [42,43] and will not be elaborated upon here, but crucially, the results calculated for the equatorial P–F bonds in PF5 are quite similar to those determined for the axial P–F bonds. This similarity was the principal basis for Gillespie proposing that there is little difference between these two bond types and, thus, that the 2c,1e bonds proposed by Musher or the 3c,4e bonds proposed by Rundle, Pimentel, and others are neither useful nor necessary.



A further output from ELF calculations is a total valence shell population for the central atom, Nv(A), where A is the central element, which for PF5 is calculated to be 5.33, whereas for the hypothetical PMe5, Nv(A) is determined to be 9.42, the large difference being due to the differing polarities of the P–F and P–C bonds [43]. Accordingly, together with a number of similar examples, Gillespie argued that both hypervalence and the octet rule have little explanatory value either in terms of the nature of the bonding or with regard to the total valence electron count at the p-block element centre, thereby undermining the purported difference between compounds which are presumed to obey the octet rule and those hypervalent compounds which do not. Gillespie does, however, note the contrast between the ELF method and both the natural population analysis (NPA) described by Reed and Schleyer [32] and the atomic overlap matrix (AOM) method discussed by Cioslowski and Mixon [47], both of which find total bond orders of less than four (i.e., fewer than eight electrons) for the hypervalent molecules they consider. We will not expatiate on these differences here because they are beyond the scope of this essay but will briefly reference the work of Cooper and Gerratt and their report of a spin-coupled valence bond analysis of, amongst other examples, PF5, some of the conclusions of which are captured in the following quotation [48].




“In spite of its continuing overwhelming appeal we suggest that the familiar octet rule should be demoted. We retain only an eight-electron rule (cf. the 18-electron rule of transition metal chemistry), which indicates that a formal electron count of eight around a central atom is favorable. We assert here the new democracy principle, which, stated very simply, suggests that “it is the democratic right of every valence electron to take part in chemical bonding if it wants!””





The authors themselves recognise that their democracy principle may be a little too anthropomorphic, but although they are critical of the octet rule in much the same way as Gillespie was, their eight-electron rule does not depart too radically from the position we have taken here.



A more recent contribution to the bonding in hypervalent compounds, which also covers some of the history recounted here, has been offered by Durrant [49] who has proposed a quantitative scale of hypervalency based on atomic charges and a derived electron count at the central atom calculated using Bader’s Quantum Theory of Atoms in Molecules [50]. This is somewhat analogous to the ELF approach adopted by Gillespie, albeit using a different computational method. To quote Durrant,




“In order to calculate the overall electron count … we may now define a parameter called the valence electron equivalent, γ, as ‘the formal shared electron count at a given atom, obtained by any combination of valid ionic and covalent resonance forms that reproduces the observed charge distribution’.”





and




“It follows that for any given atom X, if γ(X) = 8, the atom obeys the original Lewis octet rule. If γ(X) < 8, the atom obeys the ‘modified octet rule’, but if γ(X) > 8, neither form of the octet rule is obeyed and the atom is hypervalent.”





We will not comment further on Durrant’s study except to note that γ(S) calculated for sulphate, SO42−, is 4.34, whereas γ(Cl) for perchlorate, ClO4−, is computed to be 9.11 and on this basis, sulphate is not considered to be hypervalent, whereas the isoelectronic perchlorate is. We submit that although this quantitative analysis has much to reveal about atomic charges within molecules (which are often quite different from valence-bond-type formal charges), to classify one member of an isoelectronic pair as hypervalent and the other not may cause some confusion in an educational context.




6. A Brief Mention of VSEPR and the Treatment of Hypervalence in Modern Texts


One cannot leave an account of Gillespie’s many contributions to p-block element chemistry without at least passing reference to VSEPR theory, for which he was one of the key originators and its most vocal advocate [51]. Although VSEPR counts 10 electrons around the phosphorus atom in PF5 (5 from the phosphorus and 1 each from the five fluorine atoms) and deduces the trigonal bipyramidal structure on that basis (i.e., derived from five bond pairs), no account of the distribution of the electrons needs to be given in terms of dsp3 hybridisation, although this can, if one wishes, be assumed after the fact. The power of VSEPR as a heuristic lies simply in the mutual repulsion of assumed valence electron pairs (strictly, electron pair domains) once all the valence electrons of the central atom have been included along with the contributing valence electrons from the other bonded atoms or groups. No orbital description is required involving hybrid orbitals or indeed any other type of orbital, it is simply the total number of electron pairs that matter; in fact, one can derive the structures of the vast majority of p-block element compounds based merely on the number of bonded atoms plus the number of lone pairs. Gillespie made much of the distribution of electron pair domains obtained from the output of ELF calculations which revealed electron density distributions very much in accordance with the VSEPR model [51] but based on his own criticism of hypervalence and the objections developed here, we do not consider VSEPR-derived electron-counts greater than eight to provide much in the way of support for hypervalence.



VSEPR theory remains central to the introductory-level teaching of structure in p-block element chemistry, and rightly so, but a look at many current inorganic texts reveals that if hypervalence is mentioned at all, its coverage is often cursory. The most recent editions of Inorganic Chemistry by Housecroft and Sharpe [52] and by Weller, Overton, Rourke, and Armstrong [53] do, in fact, address many of the points highlighted here, but one of the more thorough treatments can be found in Chemical Structure and Reactivity by Keeler and Wothers [54].




7. A Summary of the Arguments So Far


On the basis of all that we have considered and discussed to this point, including the conspectus we have provided of Gillespie’s many contributions, we have argued that continued use of the term hypervalence and associated descriptions of molecules as hypervalent should now be reconsidered. To recapitulate, if it is accepted that d orbital involvement is negligible and that the 3c,4e bonding model is a reasonable approximation for certain linear X–E–X arrangements, despite Gillespie’s reservations, then any discussion of whether or not compounds such as PF5 violate the octet rule becomes largely redundant. Similarly, if one adopts the ionic model shown in D. Furthermore, there is little value, we suggest, in considering pentavalent phosphorus as hypervalent simply because pentavalent is greater than trivalent, nor indeed to condone use of the term hypovalent, which is occasionally encountered for formally trivalent, six-electron species such as BF3 in which the boron achieves its maximum valence of three (Appendix A Note 20). As we have also argued, our position remains tenable even when using rather more sophisticated MO analyses for PF5 and other EFn species in which the element E exhibits its maximum valence, such as SF6. As was demonstrated for lower-valent EFn species, however, MO-derived electron counts can exceed eight in species such as IF3 and XeF4, and we should now return to this matter which it makes sense to do alongside a consideration of π-bonding.




8. The Question of π-Bonding


Let us consider the molecule POF3. Although simple electron-counting procedures (including VSEPR) would assign 10 electrons to the phosphorus centre in representation I, only 8 electrons are associated with the phosphorus atom in J and K (Appendix A Note 21). To have to describe I as hypervalent, but not J or K, cannot be supported in any educational setting. One rarely comes across the depiction shown in K, but the distinction between I and J has received much attention from, for example, Reed and Schleyer [32], as well as from Gilheany [33]. Both representations have their merits, but in terms of the bonding in the P–O unit, the best description is probably one based on structure J but in which oxygen lone pairs in p orbitals are able to back-donate to vacant P–F σ* orbitals (shown in Figure 7) as discussed extensively by Reed and Schleyer [32] and by Gilheany [33]. This type of π-bonding interaction is generally described as negative hyperconjugation and involves n(or π)→σ* donation (Appendix A Note 22). Any π-interactions of this type are not explicitly shown in J but are implicit in the P=O bond drawn in I, albeit in a way that does not properly reflect the symmetry of the molecule. Thus, in C3v symmetry, there are two degenerate π-type lone pairs on oxygen and a degenerate pair of P–F σ* orbitals which can each act as acceptors of π symmetry. Both these interactions are shown in Figure 7 and, in combination, can be illustrated diagrammatically as drawn in L. Both I and L would necessarily be classed as hypervalent, and each reflects a degree of π-bonding between the oxygen and the phosphorus which would assign 10 and 12 electrons to the phosphorus centre, respectively, and which it is useful to consider in a little more depth.
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Thus, one should recognise that any π-back-donation from the oxygen in POF3 leads to an increase in the number of electrons associated with the phosphorus centre as implied in representations I and L, and which would be evident from a more detailed MO treatment which explicitly takes account of π-bonding interactions. However, π-back-donation is not restricted to P–O species and is possible in PF5 from π-type fluorine lone pairs to P–F σ* orbitals of the correct symmetry (not shown in Figure 3), which similarly results in an increase over and above the eight electrons assigned in our earlier discussion. Is there not, therefore, a case for redeeming the term hypervalent based on an expansion beyond the octet due to this type of π-bonding as well as for the MO-derived reasons we considered for lower-valent EFn species such as IF3 and XeF4? We argue that there should be no such redemption. If one wishes to account for electrons involved in π-back-bonding, then it is apparent that in the phosphorus molecules considered, electron counts at the phosphorus centre would exceed eight, in line with some of the calculated valence electron counts for related species outlined earlier [42,43,49] but this would also be the case for molecules such as CF4 which, as Reed and Schleyer made clear [32], has significant π-donation from fluorine lone pairs to C–F σ* orbitals. This, we contend, is quite a powerful argument against the hypervalent label because any accounting of these π-interactions in CF4 would lead to a number greater than eight around the carbon centre, but it makes little sense to consider that CF4 has violated the octet rule and should therefore be classed as hypervalent, nor indeed has the carbon exceeded its usual valence of four. Almost every molecule (excluding hydrides and alkyls) would be hypervalent on this basis. Moreover, we should not take the σ-only MO-derived electron counts greater than 8 (as described earlier for IF3 and XeF4) as a reason to defend hypervalence since this would lead to a molecule such as SF4 (see the Supplementary Materials for an MO diagram of this species) with 10 electrons around the sulphur being classed as hypervalent, whereas SF6, with only 8 sulphur-based electrons, would not be classified as such. We likewise reject the classification of hypervalent for the 14-electron complexes [SbCl6]3− and [TeCl6]2− referred to earlier.




9. Hypervalence and the 2p Elements


A related and apposite consideration which we should not ignore is that if we adopt the basic 3c,4e bonding model, or indeed some of our more detailed MO-based arguments, and maintain that compounds such as PF5 or POF3 are not usefully classed as hypervalent, why then are analogous compounds of the 2p elements so rarely, if ever, encountered, for example NF5? One answer is that the 2p elements are simply too small to support coordination numbers of five or six in simple molecular species, as noted earlier when comparing CF4 and SiF4 in relation to Gillespie and Robinson’s duodecet rule [30] (Appendix A Note 23). Schwerdtfeger, Frenking, and co-workers have made this point in terms of the unfavourable Pauli repulsions which arise when five or more groups surround a small 2p element centre [3].



Another factor is that the electronegativity of the 2p elements is sufficiently high to destabilise the non-bonding orbital localised solely on the X atoms in a linear X–E–X unit, which is favoured for a less electronegative E and an electronegative X (e.g., F). This latter point has also been advanced, notably by Kutzelnigg, to account for why compounds such as PH5 are not stable [30]. The molecule NOF3, analogous to POF3, is known, but as discussed by Reed and Schleyer [32], the bonding in the two species is quite different because any π-donation from the oxygen to N–F σ* orbitals is disfavoured by the high energy of the latter; the best representation of NOF3 is therefore analogous to that shown for the phosphorus analogue in J, and not in terms of a structure analogous to I (or L). A polar N–O single bond in N-oxide species in general has been proposed by Molina and Sundberg, although they also argue for a similar description and against any significant π-bonding in P–O and related E–O bonds [55].




10. Notation for Hypervalent Species


In classifying hypervalent compounds, there are two notations we should mention, although their usage need not be restricted to compounds that are considered hypervalent. The first, originally proposed by Martin, Arduengo, and Kochi, takes the form N-X-L, where X is the central element, N is the total number of valence electrons associated with X, and L is the number of groups or ligands directly bonded to X [56]. Using this scheme, PF5, SF6, and POF3, for example, would be classified as 10-P-5, 12-S-6, and 10-P-4 species, respectively. A second notation takes the form σx,λy, where the x in σx is the coordination number and the y in λy is the valence; using this notation, the compounds PF3, PF5 and POF3 would be classified as σ3,λ3, σ5,λ5, and σ4,λ5, respectively. Although the former embodies electron counts which exceed eight and explicitly endorses the concept of hypervalence, the arguments set out above are not undermined by what is essentially an electron-counting protocol analogous to that used in VSEPR theory.




11. Depictions of 3c,4e Bonds


Having stressed the value of the simple 3c,4e model to describe the bonding in molecules such as PF5 (or others with linear X–E–X units) and the central part it plays in our thesis that hypervalence is a redundant concept, at least at an introductory level, let us now turn to how best this type of interaction might be represented without recourse to MO diagrams (Appendix A Note 24). In B, the ubiquitous solid line drawn between pairs of atoms which very often represents a 2c,2e bond (and has a long history (Appendix A Note 25) clearly does not do so in each of the axial P–F bonds, for the reasons already discussed. Thus, in the linear axial F–P–F arrangement in PF5, the two lines together represent a 3c,4e interaction, and the formal bond order of each P–F bond according to this model is 0.5 (Appendix A Note 18). This would also be true in compounds with formally 10 valence electrons having linear X–E–X arrangements, such as in SF4 and XeF2. To make this point, these interactions have sometimes been drawn with dotted/dashed lines, as shown for PF5 and SF4 in M and N [34,35,42]. Attractive though this might be as a way of differentiating between 2c,2e and 3c,4e interactions, we would argue that although dotted/dashed lines might have some value in these examples, their use would be unhelpful in more delocalised species such as SF6, XeF6, or IF7 since all bonds would need to be drawn in this way. Moreover, dotted/dashed lines are often used to represent transition states in, for example, SN2 reactions at a carbon centre, and it is therefore important, certainly in an educational setting, to avoid any suggestion that structures M or N represent a transition state. We note that an alternative symbolism has been advanced by Weinhold and Landis as shown, using PF5 as an example, in O which is sometimes referred to as an I bond [19].
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A dotted/dashed line representation has also been used by Green and Parkin in their classification of 3c,4e interactions within the Covalent Bond Classification (CBC) [57], but we highlight here their insightful description of 3c,4e interactions of the type found in PF5 as examples of an X–L–X interaction based on the standard CBC framework definitions, where L contributes two electrons and X contributes one electron [58,59,60] (Appendix A Note 26). We note also that the CBC method would describe PF5 as an MX5 species according to the rules set out in [58,59,60] and that in [57], the case is made to highlight the presence of any hypervalent interaction by adding an H designation leading to an overall descriptor of the general form MLXZH, more specifically MLlXxZzHh, where the lower-case subscripts l, x, z, and h indicate the numbers of L, X, Z, and H functions, respectively. The term h is defined as the Hypervalent Index, which is the number of such interactions, although it is recognised that the situation becomes more complex for higher-order interactions, as found in molecules such as SF6. In this scheme, PF5 would therefore be designated as MX5H to indicate that there is one hypervalent 3c,4e interaction present. Moreover, a modification to the definition of the CBC electron number (EN) is presented in [57] such that EN = m + 2l + x − 2h (where m is the number of valence electrons on M), with the hyperelectron number (HEN) being defined as HEN = EN + 2h. Although we might argue for something other than the H designation per se (because H denotes hypervalent), we recognise the merit of their scheme in highlighting the number of 3c,4e interactions and the value of the X–L–X descriptor, not least as a means of differentiating between other types of 3c,4e bonding (Appendix A Note 26).




12. Conclusions and Recommendations


Having presented an outline history and overview of the topic of hypervalence, in addition to many of the bonding models which have historically been considered, and having made our position clear about the value of its continued use, it is time to summarise our conclusions and offer some recommendations. Thus, we contend that the concept of hypervalence, especially in an educational context, is not only unnecessary and potentially misleading, but also suffers from certain internal inconsistencies. For the many compounds which most would agree obey the octet rule (or even a modified octet rule) after counting the valence electrons around the central element, there is little argument to be had especially if one ignores any consequences of π-back-bonding due to negative hyperconjugation in molecules such as CF4. For those compounds in which electron counting allocates 10 or 12 valence electrons, simple arguments based on a 3c,4e bonding model for linear X–E–X units or polar bonds in oxo compounds such as +P–O− are consistent with there being no more than 8 electrons significantly associated with the central element which obviates the need for any hypervalent label. Although consideration of more sophisticated MO analyses, including any explicit inclusion of negative hyperconjugation, will be at the expense of retaining an octet-based description for many, although not all, species, this fails to rescue a hypervalent classification in any meaningful or useful sense since numerous compounds that are not generally considered to be hypervalent would now have to be included within the curtilage of a much-expanded classification that would likely exclude few EXn species, except when X = hydride or alkyl. Moreover, use of the prefix hyper- in species such as [SiF5]− or [SiF6]2− (isoelectronic with PF5 and SF6, respectively) lacks any logical basis since, according to the definition of valence, the silicon is tetravalent in each case, just as it is in SiF4. Likewise, any description of hypothetical molecules such as [CH6]2+ or of isolable complexes such as [C(AuL)6]2+ (L = PPh3) as containing hypervalent carbon should be rejected; like silicon, carbon is never more than tetravalent. Thus, we repeat our assertion that the only prefix which should be employed before the term valence/valent be a numerical one, so as to merely denote the actual valence. As some of the authors previously referenced have suggested (notably Schleyer), if the use of the prefix hyper- is to be retained, the term hypercoordinate has more merit than hypervalent for those species with a coordination number greater than four, but this too, we argue, is of only marginal descriptive advantage [32].



We therefore summarise these arguments and others in a list of recommendations set out below, which are written from the point of view of how best to teach students at an introductory level about those molecules encountered in p-block element chemistry to which our arguments apply.



	(i)

	
Introduce the definition of the term valence and stress that it is a classical concept, albeit a very useful one, which is most easily determined for a given element from a simple resonance or Lewis structure of the compound in which that element resides. It should be stressed that although prefixes which denote a number, such as in trivalent and pentavalent, are useful, those of a more subjective nature, such as hyper-, hypo- and sub-, afford no tangible benefit to any classification or description and should therefore not be used. The case against hyper- is further reinforced in some of the recommendations which follow.




	(ii)

	
Recognise the value of the octet rule as an important organising principle. As with all electron-counting rules, it is a simple heuristic but one of considerable scope and merit. Moreover, because the valence orbitals for p-block elements are the ns and three np orbitals, we should expect an 8-electron rule for much the same reason that we expect (and observe) an 18-electron rule for many d-block element compounds. There will always be exceptions, but it is a very good place to start. The fact that an octet-based description does not always survive an analysis involving more detailed MO methods is not a reason to ignore its merits at a simpler level.




	(iii)

	
Stress that vacant d orbitals play no significant role in p-block element chemistry because their energies, according to calculations, are too high, and bonding models based on d orbital occupancy or any use of dnsp3-type hybrids for compounds such as PF5 and SF6 should be abandoned [61] (Appendix A Note 27).




	(iv)

	
For compounds to which simple valence electron counting methods assign more than eight electrons and which contain linear X–E–X units such as PF5, SF4, XeF2, and XeF4, the 3c,4e bonding model for this unit should be introduced, emphasising that because the non-bonding orbital is not localised on the central atom, the actual electron counts in these species do not exceed eight.




	(v)

	
Recognise that for compounds where the coordination number exceeds four, some degree of multi-centre bonding will always be a feature, but any reference to the term hypercoordinate (as a possible alternative to hypervalent) is unhelpful because multi-centre bonding is also present in species with coordination numbers of four, or even less such as in SF4, XeF4, XeF2 IF3, or [I3]−, all of which contain linear X–E–X units.




	(vi)

	
Where more detailed insights into molecular electronic structure are required, this will be by means of simple, qualitative, MO energy-level diagrams derived from ligand group orbitals or, ultimately, by recourse to more quantitative electronic structure calculations, albeit sometimes at the expense of simple octet-based descriptions. This offers no reprieve for hypervalence, however, because too strict an adherence to classifying compounds as hypervalent if their electron count exceeds eight leads to a greatly increased catalogue of compounds, many of which would not normally be considered as such; see also point (ix) below.




	(vii)

	
With examples such as [SiF5]− and [SiF6]2−, it can be demonstrated that use of the term hypervalent is logically inconsistent because, according to the definition of the term valence, the silicon centre in these anions is tetravalent, as is the silicon in SiF4 itself. To describe these anions as hypervalent is therefore a misnomer.




	(viii)

	
For compounds with formal multiple bonds such as the P–O bond in POF3, the fact that the charge-separated +P–O− single bond representation allocates 8 electrons to the phosphorus centre whereas the P=O and −P≡O+ multiple bond depictions assign 10 and 12 electrons, respectively, highlights another inconsistency within the concept of hypervalence since in one portrayal of the bonding, the molecule would not be considered hypervalent, whereas in the other two, it would be described as such. The +P–O− representation is therefore preferred in this context (and with bonds to a terminal oxygen more generally) and brings a further advantage in that it reflects the polarity of the P–O bond. It should, nevertheless, be recognised that using the P=O form is useful in other contexts.




	(ix)

	
An additional advantage of the +P–O− representation (more generally, +E–O−) is that it provides a straightforward introduction to π-type negative hyperconjugation interactions which admits of the possibility of additional electron density at the central element, albeit not restricted to compounds that are traditionally classified as hypervalent, which further undermines the value of the term [62]. (Appendix A Note 28, 29)







Simple models are simple models, and they are enormously useful, especially in a teaching context. As with all simple models, there is a risk of them being applied outside of the envelope in which their use is appropriate, and it is often tempting to add additional auxiliary models to broaden their applicability or utility. This should be approached with some caution, however, because in so doing, one can very easily undermine the pedagogical value of the basic model to which the auxiliaries have been added. We argue that this is what has happened with hypervalence, and that by adopting the recommendations listed above, the term is seen to be both redundant and an unnecessary auxiliary to the concept of chemical valence and electron counting generally. As always, where simple models fail (as they always do when pressed too far), we should resort to qualitative or more quantitative electronic structure calculations in order to more closely interrogate the systems in which we are interested.



Do we really expect, on the basis of the arguments presented in this essay, that the term hypervalent will actually start to disappear from the literature? No, not really, nor are we about to embark on any crusade to have the term expunged from the chemical canon. It is too well established, especially in some research areas where we cannot credibly maintain that its use does any real harm. So-called hypervalent iodine compounds are widely used in organic synthesis, for example, and have been the subject of several books, numerous reviews, and countless papers which include ‘hypervalent iodine’ in the title [63,64,65]. Although we would argue that the majority of these reagents would be better described as trivalent iodine compounds (some are pentavalent, although none are heptavalent), we have no expectation that any such change is realistic. Moreover, according to SciFinder, in the five years from 2017 to 2021, there were over 1250 papers with ‘hypervalent’ in the title or abstract such that any campaign to excise the usage of this term would likely be Sisyphean in nature. We do, however, make a plea that the concept of hypervalence in teaching and in teaching texts be abandoned (albeit that its presence in extant literature will have to be acknowledged), and maintain that in the vast majority of examples, enough insight into the categorisation and chemistry of p-block element compounds can be gained according to the recommendations set out above.



In concluding, we note two recent contributions which offer at least partial support for our position, although neither goes so far as to call for the abandonment of the term hypervalent. In the first of these, Crabtree draws attention to the familial link between hypervalency, secondary bonding, and hydrogen bonding, and cites both 3c,4e interactions and the MO scheme for SF6 in support of the octet rule [66]. In the second contribution, Harshman and Miliordos are more explicitly critical of the concept of hypervalence, based on computational studies which support octet-based descriptions arising from ionic representations similar to D and depictions of E–O bonds such as J or K in strong preference to double-bonded alternatives such as I [67]. We shall no doubt see what others have to make of the arguments we have promoted in this essay in the hope that it is not too recondite a topic to warrant further debate.
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Appendix A. Notes


	
Many of Frankland’s and Kekulé’s contemporaries also made significant contributions as described in [5,6,7].



	
Sidgwick notes that whilst the definition he advocates is appropriate in the great majority of cases, it is not universally applicable, but the exceptions are not germane to this discussion.



	
An alternative definition of valence taken from the IUPAC “Gold Book” is as follows: ‘The maximum number of univalent atoms (originally hydrogen or chlorine atoms) that may combine with an atom of the element under consideration, or with a fragment, or for which an atom of this element can be substituted’. This is best seen as referring to the maximum valence an element can adopt [9].



	
Low- and high- are also used as prefixes for valent which we accept have some value, at least in a relative sense.



	
(a) For all the details on how to assign an oxidation state, see [15]; (b) For an abbreviated summary of [15], see [16].



	
See also [11].



	
Musher used the older periodic table group numbering of V-VIII rather than the modern 15-18 used here.



	
In terms of the trigonal bipyramidal structure of PF5, this would involve the two axial P–F bonds being considered hypervalent (HV) with those to the three equatorial fluorine atoms treated as ‘normal’ covalent (CV) bonds.



	
In fact, Musher classified hypervalent molecules as either HVI or HVII according to whether the valence s orbital was involved in bonding or not. Thus, SF2 would be classified as CV, SF4 as HVI, since the S 3s orbital was not considered to be involved in bonding to the fluorine atoms, and SF6 as HVII since the S 3s orbital does contribute to the bonding. PF5 is therefore HVII according to this definition.



	
The Rundle/Pimentel 3c,4e bonding model has also been described as ‘hyperbonding’ by Weinhold and Landis [19], following Musher, and additionally as ω-bonding, an ω bond denoting the entirety of the 3c,4e interaction.



	
Note that a set of five dsp3 hybrids are not equivalent and comprise an sp2 set and a dp set (from pz and 3dz2) which forms the basis for Bent’s rule when applied to trigonal bipyramidal species; see for example, [29,14].



	
As many authors have pointed out, notably Reed and Schleyer [32], accurate calculations do employ d orbitals as polarisation functions to better determine the precise electronic and molecular structure, but this is not the same as d orbital occupancy.



	
[36] offers an instructive comparison of MO and VB approaches to the bonding in SF6 without recourse to d2sp3 hybridisation.



	
The MO energy level diagrams shown in Figs. 2, 3, 5 and 6 are derived from similar diagrams presented in [37,38]. For PF5 (Figure 3), see also [39], and for IF3 (Figure 5), see also [40].



	
Compounds such as [SbCl6]3– and [TeCl6]2– are often described as having a stereochemically inactive lone pair and therefore cited as exceptions to the rules of VSEPR which are largely predicated on lone pairs being stereochemically active. Compounds with stereochemically inactive lone pairs are not especially common but where they are encountered, drawing a satisfactory Lewis structure becomes problematic.



	
An alternative view of the bonding in IF3 and XeF4 can be formulated using 3c,4e bonding. Thus, for IF3, the axial IF2 unit could be viewed in a similar way to the axial PF2 unit in PF5 and this would lead to an 8-electron count for the iodine in IF3. However, this would require a non-bonding pair of electrons to be localised on the two axial F atoms which is not compatible with the MO diagram in Figure 5. For XeF4, the two orthogonal XeF2 units could also be viewed in a similar way to the axial PF2 unit in PF5 and this would also lead to an 8-electron count for the Xe in XeF4. However, this would require two non-bonding pairs of electrons to be localised on the four F atoms which is likewise not compatible with the MO diagram in Figure 6. The incompatibility of the 3c,4e model with the MO diagrams in many EFn species (including SF6) is clear from the diagrams collected in the Supplementary Material.



	
[44] covers much of the early history of the octet rule developed by Lewis and Langmuir.



	
An alternative hybridisation scheme for PF5 could involve a pair of sp hybrids which bond to the axial fluorine atoms whilst the equatorial fluorines would be bonded in a multicentre arrangement using the remaining two p orbitals. Axial P–F bond orders would therefore be 1 whereas the equatorial P–F bonds would have a bond order of 2/3. This is no better in terms of rationalising the P–F bond lengths in PF5 but we should not expect simple models to necessarily accommodate small differences in bond lengths for which more quantitative electronic structure calculations are required.



	
The question of the P–F(ax) and P–F(eq) relative bond orders has been much debated because, while the simple 3c,4e model predicts the P–F(ax) bond order to be 0.5 and the P–F(eq) bond order to be 1.0 (but see Appendix A Note 18), the P–F bond lengths are, as noted in the text, rather similar (difference of <0.05 Å). However, using the simple MO treatment for PF5 given in Figure 2, which reveals 4 pairs of electrons in bonding orbitals, the 1a1’ orbital is shared equally amongst the P–F bonds contributing 0.2 to the bond order in each. Additionally, the 1a2” orbital is shared between the two axial P–F bonds contributing 0.5 to the bond order of the two P–F(ax) whilst the 1e’ orbital is shared between the three equatorial P–F bonds contributing 0.66 to the bond order of each. Assuming that all of these P–F orbital interactions are similar results in an overall bond order for P–F(ax) of 0.7 and for P-F(eq) of 0.86. The conclusion is that a simple MO analysis predicts the P–F(ax) bond order to be 0.8 of that for the P–F(eq) bonds which is rather more consistent with the small difference in the P–F bond lengths.



	
Although BF3 is nominally assigned 6 electrons, π-donation from filled F orbitals to the vacant p orbital on boron raises the electron count as depicted in H.



	
Although simple VSEPR methods assume that an oxygen contributes two electrons to the central atom resulting in a formal double bond, one can also start from a structure of type J in which an O− contributes only one electron to a central element which now carries a formal positive charge. This just serves to emphasise that at its core, VSEPR rationalisations of structure are based simply on the numbers of bonded atoms (or groups) plus the number of lone pairs.



	
Hyperconjugation is the term used to describe σ→π* electron donation whereas negative hyperconjugation describes π→σ* donation. We will ignore the slight irony inherent in the term hyperconjugation and not argue with the use of the prefix hyper- in this context.



	
Higher coordination numbers are encountered for first row atoms albeit in interstitial environments in clusters and as observed for carbon in [C(AuL)6]2+ (L = PPh3).



	
We recognise that 3c,4e interactions are a bit more complicated than the simple Rundle/Pimentel model but not in a manner which undermines their value in an educational context. See for example, [68,69].



	
A solid line between two atoms to represent bond was first used by Couper in 1858 and a few years later, and rather more extensively, by Crum-Brown in 1861. Following Lewis’ introduction of the electron pair bond, the solid line became widely associated with a 2c,2e bond but in many delocalised species, particularly clusters, it merely denotes a connectivity.



	
There are various other descriptions of 3c,4e interactions, some also incorporating Z groups, which contribute zero electrons, such as X–X–L, L–Z–L and L–L–Z which are not relevant to the discussion in this paper but serve to usefully differentiate between different types of 3c,4e interactions.



	
It is interesting to note that recent work on s-block element carbonyl complexes does make a strong case for (n–1)d orbital involvement alongside the ns orbital interactions, particularly for complexes of barium; see [61] and refs. therein.



	
With further regard to species with formal multiple bonds, it can also be recognised that, for example in sulfate, SO42–, a simple Lewis dot structure shown in P, indeed a representation favoured by Lewis himself, avoids any concerns about violation of the octet rule for either oxygen or sulfur, and, as Weinhold and Landis have stated, such a structure is supported by the calculations they describe in [19].
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	29.

	
We note that a recent study [62] provides strong experimental and computational support for the negative hyperconjugation model for the P–O bond in phosphine oxides, as expounded by Gilheany [33], and argues against any significant involvement of phosphorus 3d orbitals.









References


	



Brockman, J. (Ed.) This Idea Must Die: Scientific Theories That Are Blocking Progress; Harper Perennial: New York, NY, USA, 2015. [Google Scholar]

	



Scerri, E.R. Five Ideas in Chemical Education That Must Die. Found. Chem. 2019, 21, 61–69. [Google Scholar] [CrossRef]

	



Zhao, L.; Pan, S.; Holzmann, N.; Schwerdtfeger, P.; Frenking, G. Chemical Bonding and Bonding Models in Main-Group Chemistry. Chem. Rev. 2019, 119, 8781–8845. [Google Scholar] [CrossRef] [PubMed]

	



Dewar, M.J.S. Chemical Implications of s Conjugation. J. Am. Chem. Soc. 1984, 106, 669–682. [Google Scholar] [CrossRef]

	



Russell, C.A. The History of Valency; Leicester University Press: Leicester, UK, 1971. [Google Scholar]

	



Brock, W.H. The Fontana History of Chemistry; Fontana Press: London, UK, 1992. [Google Scholar]

	



Palmer, W.G. Valency: Classical and Modern, 2nd ed.; Cambridge University Press: Cambridge, UK, 1959. [Google Scholar]

	



Sidgwick, N.V. The Electronic Theory of Valence; Oxford University Press: Oxford, UK, 1927. [Google Scholar]

	



IUPAC. Compendium of Chemical Terminology, 2nd ed.; (the “Gold, Book”); McNaught, A.D., Wilkinson, A., Eds.; Blackwell Scientific Publications: Hoboken, NJ, USA, 1997; Available online: https://goldbook.iupac.org/terms/view/V06588 (accessed on 12 September 2022).

	



Parkin, G. Valence, Oxidation Number, and Formal Charge: Three Related but Fundamentally Different Concepts. J. Chem. Educ. 2006, 83, 791–799. [Google Scholar] [CrossRef]

	



Smith, D.W. Valence, Covalence, Hypervalence, Oxidation State and Coordination Number. J. Chem. Educ. 2005, 82, 1202–1204. [Google Scholar] [CrossRef]

	



Shorter Oxford English Dictionary, 6th ed.; Oxford University Press: Oxford, UK, 2007.

	



Norman, N.C.; Pringle, P.G. In Defence of Oxidation States. Dalton Trans. 2021, 51, 400–410. [Google Scholar] [CrossRef]

	



Norman, N.C. Periodicity and the s- and p-Block Elements, 2nd ed.; Oxford University Press: Oxford, UK, 2021. [Google Scholar]

	



Karen, P.; McArdle, P.; Takats, J. Toward a Comprehensive Definition of Oxidation State (IUPAC Technical Report). Pure Appl. Chem. 2014, 86, 1017–1081. [Google Scholar] [CrossRef]

	



Karen, P.; McArdle, P.; Takats, J. Comprehensive Definition of Oxidation State (IUPAC Recommendations 2016). Pure Appl. Chem. 2016, 88, 831–839. [Google Scholar] [CrossRef]

	



Jensen, W.B. The Origin of the Term Hypervalent. J. Chem. Educ. 2006, 83, 1751–1752. [Google Scholar] [CrossRef]

	



Musher, J.L. The Chemistry of Hypervalent Molecules. Angew. Chem. Int. Ed. 1969, 8, 54–68. [Google Scholar] [CrossRef]

	



Weinhold, F.; Landis, C.R. Valency and Bonding: A Natural Bond Orbital Donor-Acceptor Perspective; Cambridge University Press: Cambridge, UK, 2005. [Google Scholar]

	



Lewis, G.N. The Atom and the Molecule. J. Am. Chem. Soc. 1916, 38, 762–785. [Google Scholar] [CrossRef]

	



Langmuir, I. The Arrangement of Electrons in Atoms and Molecules. J. Am. Chem. Soc. 1919, 41, 868–934. [Google Scholar] [CrossRef]

	



Lewis, G.N. Valence and the Structure of Atoms and Molecules; Chemical Catalogue Company: New York, NY, USA, 1923. [Google Scholar]

	



Langmuir, I. Types of Valence. Science 1921, 54, 59–67. [Google Scholar] [CrossRef]

	



Pauling, L. The Nature of the Chemical Bond and the Structure of Molecules and Crystals: An Introduction to Modern Structural Chemistry, 2nd ed.; Cornell University Press: Ithaca, NY, USA, 1940. [Google Scholar]

	



Coulson, C.A. Valence, 2nd ed.; Oxford University Press: Oxford, UK, 1961. [Google Scholar]

	



Sugden, S. The Parachor and Valency; Routledge: London, UK, 1930. [Google Scholar]

	



Rundle, R.E. On the Probable Structure of XeF2 and XeF4. J. Am. Chem. Soc. 1963, 85, 112–113. [Google Scholar] [CrossRef]

	



Pimentel, G.C. The Bonding of Trihalide and Bifluoride Ions by the Molecular Orbital Method. J. Chem. Phys. 1951, 19, 446–448. [Google Scholar] [CrossRef]

	



Huheey, J.E.; Keiter, E.A.; Keiter, R.L. Inorganic Chemistry: Principles of Structure and Reactivity; Harper Collins: New York, NY, USA, 1993. [Google Scholar]

	



Kutzelnigg, W. Chemical Bonding in Higher Main Group Elements. Angew. Chem. Int. Ed. Engl. 1984, 23, 272–295. [Google Scholar] [CrossRef]

	



Magnusson, E. Hypercoordinate Molecules of Second-Row Elements: D Functions or d Orbitals? J. Am. Chem. Soc. 1990, 112, 7940–7951. [Google Scholar] [CrossRef]

	



Reed, A.E.; Schleyer, P.v.R. Chemical Bonding in Hypervalent Molecules. The Dominance of Ionic Bonding and Negative Hyperconjugation over d-Orbital Participation. J. Am. Chem. Soc. 1990, 112, 1434–1445. [Google Scholar] [CrossRef]

	



Gilheany, D.G. No d Orbitals but Walsh Diagrams and Maybe Banana Bonds: Chemical Bonding in Phosphines, Phosphine Oxides and Phosphonium Ylides. Chem. Rev. 1994, 94, 1339–1374. [Google Scholar] [CrossRef]

	



Curnow, O.J. A Simple Qualitative Molecular-Orbital/Valence-Bond Description of the Bonding in Main Group “Hypervalent” Molecules. J. Chem. Educ. 1998, 75, 910–915. [Google Scholar] [CrossRef]

	



Curnow, O.J. The Rise and Decline of d Orbitals: Bonding in Hypervalent Compounds. Chem. N. Z. 1996, 60, 10–14. [Google Scholar]

	



Galbraith, J.M. On the Role of d Orbital Hybridisation in the Chemistry Curriculum. J. Chem. Educ. 2007, 84, 783–787. [Google Scholar] [CrossRef]

	



Albright, T.A.; Burdett, J.K.; Whangbo, M.H. Orbital Interactions in Chemistry; Wiley: Hoboken, NJ, USA, 1985. [Google Scholar]

	



Purcell, K.F.; Kotz, J.C. Inorganic Chemistry; W.B. Saunders Company: Philadelphia, PA, USA, 1977. [Google Scholar]

	



Hoffmann, R.; Howell, J.M.; Muetterties, E.L. Molecular Orbital Theory of Pentacoordinate Phosphorus. J. Am. Chem. Soc. 1972, 94, 3047–3058. [Google Scholar] [CrossRef]

	



Yang, D.-D.; Wang, F. Structures and Stabilities of Group 17 Fluorides EF3 (E = I, At, and Element 117) with Spin-Orbit Coupling. Phys. Chem. Chem. Phys. 2012, 14, 15816–15825. [Google Scholar] [CrossRef] [PubMed]

	



Gillespie, R.J.; Robinson, E.A. Hypervalence and the Octet Rule. Inorg. Chem. 1995, 34, 978–979. [Google Scholar] [CrossRef]

	



Gillespie, R.J.; Silvi, B. The Octet Rule and Hypervalence: Two Misunderstood Concepts. Coord. Chem. Rev. 2002, 233, 53–62. [Google Scholar] [CrossRef]

	



Noury, S.; Silvi, B.; Gillespie, R.J. Chemical Bonding in Hypervalent Molecules: Is the Octet Rule Relevant? Inorg. Chem. 2002, 41, 2164–2172. [Google Scholar] [CrossRef]

	



Gillespie, R.J.; Popelier, P.L.A. Chemical Bonding and Molecular Geometry: From Lewis to Electron Densities; Oxford University Press: Oxford, UK, 2001. [Google Scholar]

	



Gillespie, R.J.; Robinson, E.A. Gilbert N. Lewis and the Chemical Bond: The Electron Pair and the Octet Rule from 1916 to the Present Day. J. Comput. Chem. 2007, 28, 87–97. [Google Scholar] [CrossRef]

	



Robinson, E.A. The Duodecet Rule: Part 1. Valence Bond Structures of Oxo and Azo Species of Si(IV), P(V), S(VI) and Cl(VII). J. Mol. Struc. 1989, 186, 9–28. [Google Scholar] [CrossRef]

	



Cioslowski, J.; Mixon, S.T. Rigorous Interpretation of Electronic Wave Functions. 2. Electronic Structures of Selected Phosphorus, Sulfur, and Chlorine Fluorides and Oxides. Inorg. Chem. 1993, 32, 3209–3216. [Google Scholar] [CrossRef]

	



Cooper, D.L.; Cunningham, T.P.; Gerratt, J.; Karadakov, P.B.; Raimondi, M. Chemical Bonding to Hypercoordinate Second-Row Atoms: D Orbital Participation Versus Democracy. J. Am. Chem. Soc. 1994, 116, 4414–4426. [Google Scholar] [CrossRef]

	



Durrant, M.C. A Quantitative Definition of Hypervalency. Chem. Sci. 2015, 6, 6614–6623. [Google Scholar] [CrossRef]

	



Bader, R.F.W. Atoms in Molecules. A Quantum Theory; Oxford University Press: Oxford, UK, 2003. [Google Scholar]

	



Gillespie, R.J.; Hargittai, I. The VSEPR Model of Molecular Geometry; Allyn and Bacon: Boston, MA, USA, 1991. [Google Scholar]

	



Housecroft, C.E.; Sharpe, A.G. Inorganic Chemistry, 5th ed.; Pearson: London, UK, 2018. [Google Scholar]

	



Weller, M.T.; Overton, T.L.; Rourke, J.P.; Armstrong, F.A. Inorganic Chemistry, 7th ed.; Oxford University Press: Oxford, UK, 2018. [Google Scholar]

	



Keeler, J.; Wothers, P. Chemical Structure and Reactivity: An Integrated Approach, 2nd ed.; Oxford University Press: Oxford, UK, 2014. [Google Scholar]

	



Dobado, J.A.; Martinez-Garcia, H.; Molina, J.; Sundberg, M.R. Chemical Bonding in Hypervalent Molecules Revised. Application of the Atoms in Molecules Theory to Y3XZ (Y = H or CH3; X = N, P or As; Z = O or S) Compounds. J. Am. Chem. Soc. 1998, 120, 8461–8471. [Google Scholar] [CrossRef]

	



Perkins, C.W.; Martin, J.C.; Arduengo, A.J.; Lau, W.; Alegria, A.; Kochi, J.K. An Electrically Neutral s-Sulfuranyl Radical from the Homolysis of a Perester with Neighboring Sulfenyl Sulfur: 9-S-3 Species. J. Am. Chem. Soc. 1980, 102, 7753–7759. [Google Scholar] [CrossRef]

	



Green, M.L.H.; Parkin, G. The Classification and Representation of Main Group Element Compounds that Feature Three-Centre Four-Electron Interactions. Dalton Trans. 2016, 45, 18784–18795. [Google Scholar] [CrossRef]

	



Green, M.L.H. A New Approach to the Formal Classification of Covalent Compounds and Elements. J. Organomet. Chem. 1995, 500, 127–148. [Google Scholar] [CrossRef]

	



Green, M.L.H.; Parkin, G. Application of the Covalent Bond Classification Method for the Teaching of Inorganic Chemistry. J. Chem. Educ. 2014, 91, 807–816. [Google Scholar] [CrossRef]

	



Parkin, G. Classification of Organometallic Compounds. In Comprehensive Organometallic Chemistry III; Elsevier: Amsterdam, The Netherlands, 2007; Volume 1, pp. 1–57. [Google Scholar]

	



Zhou, M.; Frenking, G. Transition-Metal Chemistry of the Heavier Alkaline Earth Atoms Ca, Sr, and Ba. Acc. Chem. Res. 2021, 54, 3071–3082. [Google Scholar] [CrossRef]

	



Bernes, E.; Fronzoni, G.; Stener, M.; Guarnaccio, A.; Zhang, T.; Grazioli, C.; Johansson, F.O.L.; Coreno, M.; de Simone, M.; Puglia, C.; et al. S 2p and P 2p Core Level Spectroscopy of PPT Ambipolar Material and its Building Block Moieties. J. Phys. Chem. C 2020, 124, 14510–14520. [Google Scholar] [CrossRef]

	



Wirth, T. (Ed.) Hypervalent Iodine Chemistry: Modern Development in Organic Synthesis. Topics in Current Chemistry; Springer: Berlin/Heidelberg, Germany, 2003; Volume 224. [Google Scholar]

	



Zhdankin, V.V. Hypervalent Iodine Chemistry: Preparation, Structure, and Synthetic Applications of Polyvalent Iodine Compounds; Wiley: Hoboken, NJ, USA, 2014. [Google Scholar]

	



Yoshimura, A.; Zhdankin, V.V. Advances in Synthetic Applications of Hypervalent Iodine Compounds. Chem. Rev. 2016, 116, 3328–3435. [Google Scholar] [CrossRef]

	



Crabtree, R.H. Hypervalency, Secondary Bonding and Hydrogen Bonding: Siblings Under the Skin. Chem. Soc. Rev. 2017, 46, 1720–1729. [Google Scholar] [CrossRef]

	



Jackson, B.A.; Harshman, J.; Miliordos, E. Addressing the Hypervalent Model: A Straightforward Explanation of Traditionally Hypervalent Molecules. J. Chem. Educ. 2020, 97, 3638–3646. [Google Scholar] [CrossRef]

	



Munzarova, M.L.; Hoffmann, R. Electron-Rich Three-Centre Bonding: Role of s, p Interactions Across the p-Block. J. Am. Chem. Soc. 2002, 124, 4787–4795. [Google Scholar] [CrossRef] [PubMed]

	



Braïda, B.; Hiberty, P.C. The Essential Role of Charge-Shift Bonding in Hypervalent Prototype XeF2. Nat. Chem. 2013, 5, 417–422. [Google Scholar] [CrossRef] [PubMed]








[image: Chemistry 04 00082 g001 550] 





Figure 1. A simple MO energy-level diagram for the axial 3c,4e F–P–F unit in PF5. The orbitals on each of the fluorine atoms are shown as unhybridized p orbitals. 
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Figure 2. A simple, qualitative, σ-only MO energy-level diagram for SF6. Orbital interactions involving sulphur 3s (a1g) and 3p (t1u) orbitals with their symmetry-equivalent fluorine-based counterparts are shown in blue and red. The potential interactions of eg symmetry involving the sulphur 3d orbitals are indicated in purple. No symmetry match is possible for the sulfur 3d t2g orbitals. 
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Figure 3. A simple, qualitative, σ-only MO energy-level diagram for PF5. Orbital interactions involving phosphorus 3s (a1’), 3pz (a2’’), and 3px,y (e’) orbitals are shown in blue, green, and red, respectively. The essentially non-bonding 2a1’ orbital that has the correct symmetry to overlap with the phosphorus 3dz2 (a1’) is shown in purple. No interactions are considered involving the phosphorus 3d orbitals of e’ and e”. symmetry. 
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Figure 4. A general, σ-only MO scheme for compounds of the type EFn, where E exhibits its maximum or group valence showing closed-shell structures for SiF4 (Td, 8e), PF5 (D3h, 10e), SF6 (Oh, 12e), IF7 (D5h, 14e), and XeF8 (D4d, 16e). In each case, the central atom E can be viewed as having an octet of electrons in bonding orbitals, whereas the non-bonding electrons are largely or exclusively localised on the ligand (F) atoms. XeF8 is unknown, but the isoelectronic anion [IF8]− has been characterised. This diagram is also applicable to ionic species that are isoelectronic with neutral EXn compounds where E exhibits its maximum valence such as [AlF4]−, [AlF5]2−, [AlF6]3−, [SiF5]−, [SiF6]2−, [PF6]−, [TeF7]−, and [IF6]+. 
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Figure 5. A simple, qualitative, σ-only MO energy-level diagram for IF3. Orbital interactions involving iodine 5s (a1), 5pz (a1), and 5px (b1) orbitals are shown in blue, green, and red, respectively. Orbital 1b2 (iodine 5py) shown in purple is non-bonding by symmetry. Orbital 3a1 is the antibonding counterpart to the 1a1 bonding orbital. 
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Figure 6. A simple, qualitative, σ-only MO energy-level diagram for XeF4. Orbital interactions involving the xenon 5s (a1g) and 5px,y (eu) orbitals are shown in blue and red, respectively. Orbital 1a2u (iodine 5pz), shown in green, and the fluorine-based orbital 1b1g, shown in purple, are non-bonding by symmetry. Orbital 2a1g is the antibonding counterpart of the 1a1g bonding orbital. 
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Figure 7. Orbital interaction diagrams showing π-back-donation in POF3 from the two filled oxygen p orbitals to vacant P–F σ* orbitals of π symmetry. 
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Table 1. A selection of examples of compounds of the 3p, 4p, 5p, and 6p elements generally classified as hypervalent a.
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	Halides:
	PF5 (10), AsCl5 (10), SF4 (10), SF6 (12), IF3 (10), IF5 (12), IF7 (14), I2Cl6 (12),



	
	XeF2 (10), XeF4 (12), XeF6 (14)



	Halo-anions:
	[SiF6]2− (12), [SnCl6]2− (12), [PF6]− (12), [ICl4]− (12), [IF8]− (16), [XeF5]− (14), [XeF8]2− (18)



	Oxides:
	P4O10 (10), SO2 (10), SO3 (12), ClO2 (11), Cl2O7 (14), I2O5 (12), XeO3 (14)



	Oxyhalides:
	POF3 (10), SOCl2 (10), SO2Cl2 (12)



	Complexes:
	[SiF4(pyridine)2] (12), [Bi2Cl6(PMe3)4] (14)



	Alkyls and aryls:
	BiMe5 (10), BiPh5 (10), TeMe4 (10), TeMe6 (12)



	Miscellaneous:
	PhICl2 (10), PhI(OAc)2 (10)







a The numbers in parentheses for each compound are the formal number of valence electrons associated with the central element. The situation concerning 2p elements is addressed in the text.
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