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This article was triggered by a recent student discussion that occurred on the Mindspring Scholarship Chemistry discussion pages and also relates to questions sent in to the Chemistry hotline.

The Chemistry Hotline is a facility for teachers to email Dr. Richard Hartshorn with questions relating to chemistry. hotline@chem.canterbury.ac.nz. Questions and responses have featured in a number of issues of ChemNZ.

Mindspring is a web based on line environment. It includes NZTeacher curriculum share areas, document management systems for school administration and departments, and class websites and assignments. The chemistry scholarship programme is part of the last item. It aims to provide assignments and discussion pages for students doing selected scholarship subjects (For 2006 these are Chemistry, Physics – which was trialed in 2005 – Biology and Economics). Each subject has a teacher manager and a student tutor (a university post grad student).
Mindspring discussion pages generated postings on ionisation energy and periodicity, two of which are reproduced below.

I understand that the general trends of ionisation energy are a decrease down a group due to distance from nucleus and increased shielding making effective nuclear charge on electrons so less energy is required for the removal of electrons and an increase across a period due to stronger nuclear charge and electrons being added to the same energy level so electrons require more energy to remove, but I don't really grasp the anomaly thing, like how aluminium has a lower IE than magnesium and sulfur has a lower IE than phosphorus which differ from the general trend of an increase across a period. Could anybody help me with this?

Thanks 

This has me stumped too! I've tried looking it up, but I get different and opposing answers! My chem teacher and text book tell me that full/ half-full orbitals are more stable and it is therefore harder to remove electrons from them, BUT A british chem help site I found says:

 "Warning!  You might possibly come across a text book which describes the drop between group 2 and group 3 by saying that a full s2 orbital is in some way especially stable and that makes the electron more difficult to remove.

In other words, that the fluctuation is because the group 2 value for ionisation energy is abnormally high. This is quite simply wrong! The reason for the fluctuation is because the group 3 value is lower than you might expect for the reasons we've looked at."

(http://www.chemguide.co.uk/atoms/properties/ies.html#top, about half way down the page)

I'm very confused
Traditionally the “added stability” of half-full and full electron shells has been used explain a variety of properties of atoms and ions. It is convenient because it can be applied, apparently plausibly, to a number of situations and is a reasonably straight forward concept for students to accept and use.

The reality is that half-full and full shells do not have any special added stability and there is a perfectly rational and less mysterious explanation for each situation where this “added stability” is usually invoked. A slightly different one is required for each case, and perhaps this is why the “added stability” myth is so pervasive – the one magic statement can be used in a number of different situations. Should this alter the way we teach atomic structure and electron configurations? Full shell stability is ingrained from Year 9 and 10 up and is used in most textbooks. It is probably counter-productive to try and over turn this. However from the discussion postings above it is clear that some of our better students are not convinced about stability of half-full shells and teachers need to be aware of more accurate explanations for those that need them.

A graph of first ionisation energies is shown below (the dotted lines in the graph are the trend lines that are referred to below).
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1
The myth of the added stability of half-full sub-shells

Nitrogen and phosphorus have half-full p sub-shells, (2p3 and 3p3 respectively), yet they lie on their respective trend lines that are established on looking at values for the previous two elements. There is no added stability of these electron configurations to put them out of line. The elements that are the “anomalies” are the subsequent elements oxygen and sulfur with a p4 configuration. It is not that the half-full p3 configurations are more stable with respect to the trend but that the p4 configurations are less stable (or at least an electron is removed more easily)!

The reason for this is that the last electron added in going from p3 to p4 is pairing with a p electron in the same orbital (2p4 for oxygen and 3p4 for sulfur) – the electrostatic interactions between the paired electrons make it easier to remove that electron, i.e. a much lower ionisation energy results.

2
The myth of the added stability of full shells and sub-shells

The trend lines for the ionisation energies of the elements preceding the noble gases neon and argon are shown and extensions of those lines fit well with the experimentally observed values for neon and argon. There is no added stability of the full shell. The more correct interpretation is that the elements around them are unusually, but predictably, reactive. Group 17 elements have a very high electron affinity because of their high effective nuclear charge and, since they have a vacancy in a low energy orbital that can host an electron, they do so easily. Group 1 elements have an electron that is very easily removed because it is both further from the nucleus (being in the next shell) and very well shielded from the nuclear charge by the other electrons. 

Beryllium with 2s2 and magnesium with 3s2 have full s sub-shells. The following elements (boron with 2s2, 2p1 and aluminium with 3s2 3p1) have an electron in a new sub-shell. It is these elements that show a drop in ionisation energy not beryllium and magnesium showing an added stability. In the case of boron (and similarly for aluminium) the last and outer electron is a p electron, which is slightly further out from the nucleus than the s electrons, which means that it is both better shielded from the nucleus and experiences less electrostatic attraction due to the increased distance.

3
The myth in relation to transition metal electron configurations – part 1.

The idea of the added stability of half-full and full sub-shells is also used to explain the “out of order” electron configurations of chromium and copper; chromium being 4s1 3d5 instead of 4s2 3d4 and Cu being 4s1 3d10 instead of 4s2 3d9.

The first important point to note in explaining these is that the energies of the 4s and 3d orbitals are very close.

In the case of chromium, this means that 4s1 3d5 will be lower in energy than 4s2 3d4, because in the second case you have to "pay" the electron pairing energy. Since this pairing energy is larger than any difference in the energies of the 4s and 3d orbitals, the lowest energy electron configuration will be the one which has one electron in each of the six orbitals that are available. Effectively this is Hund's rule applying not just to strictly degenerate orbitals (orbitals with the same energy), but to all orbitals that are (significantly) closer in energy than the electron pairing energy.

In the case of copper, the 3d orbital has dropped in energy below that of the 4s, so that it is better to have the paired electrons in the d and the unpaired one in the s. The reason why the 3d is lower than 4s is tied to the high effective nuclear charge. The high effective nuclear charge gives rise to the small size of Cu compared with the earlier transition metals, and also means that orbitals in inner shells are more stabilised with respect to those further out for copper than for earlier elements.

4
The myth in relation to transition metal electron configurations – part 2.

Question to Chemistry Hotline.

In a recent examination question, students were asked to give a reason why the Fe3+ ion was more common/stable than the Fe2+ ion. The reasoning of the answer was as follows:

The electron configuration of the +3 ion is [ Ar]  3d5
The electron configuration of the +2 ion is [ Ar]  3d6
Since all the 3d orbitals are half filled in the Fe3+ ion and thus making the 3d sublevel also half filled this (and implicitly a full 3d sublevel) is more stable than full and partially filled orbitals in the

3d sublevel in the Fe2+ ion.

“Hmmm!” said one student. “Is this the same for copper?”

The electron configuration of the +2 ion is [ Ar]  3d9
The electron configuration of the +1 ion is [ Ar]  3d10 

This would mean the Cu+ ion is more stable/common than the Cu2+
This is not so. So either the reasoning is wrong for the exam question or there are other reasons at play in copper ions.

Chemistry Hotline answer (slightly modified).

This is not a very good question. The first point is that questions about relative stability must always give details about conditions. If they don't then they have no meaning...

Second, the conditions (e.g. what ligands are present) can affect the energies of orbitals and remove the degeneracy of d orbitals so that arguments about half-fullness or otherwise become meaningless (or at least more complicated!). The electronic properties of ligands can also affect the relative stabilities of oxidation states.

Third, the relative stability of half full and full sub-shells is more about the instability of configurations with one more or one less electrons. Sodium's configuration is very unstable due to the ease of removing the next shell electron and is nothing to do with any special stability of the resulting configuration. Equally fluorine wants to pick up an electron as it has a very high effective nuclear charge that is not shielded by the other valence electrons. It is not the stability of the resulting configuration that does it (how would the fluorine atom “know” it could get to a stable configuration by adding an electron?).

Finally, a good reason why Fe3+ is often more stable than Fe2+ is because we are usually dealing with an oxygenated system (i.e. strongly oxidising) and the iron is able to react easily with the oxygen... 

Comparing the relative stability of the oxidation states of iron and copper is not straight forward, even when the conditions are specified. The number, geometric arrangement, and kinds of ligands can be very important in determining the stability of the resulting complex. The level of bonding theory required to support these arguments is well beyond that dealt with in schools.
Summary

In each of the cases we have looked at, there are perfectly reasonable, detailed explanations for the observed experimental facts – and these don’t involve any special stability being associated with half-full or full sub-shells. The special stability idea is a useful one in that it provides one explanation for a series of different observations (and ties in nicely with other concepts like use of the octet rule), but we should be aware that any student scratching beneath the surface of the explanation will be justifiably dissatisfied with it, and we must be prepared to provide the more complete picture.

As an additional note, we add that the idea of electrons pairing up is taught through all levels of secondary school. One feature that is apparent in the explanations above and which is not emphasised in teaching is that there is an energy cost associated with electrons pairing (at least in comparison to the electrons occupying separate orbitals), because when electrons are paired in an orbital they are occupying the same region of space and therefore experience electrostatic repulsions from each other (in addition to the electrostatic attraction to the nucleus). This is a reasonable and satisfying explanation that goes some way to explaining why Hund’s rule works! Perhaps we should make more of it.

