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Energy, Electrons and the Periodic Table
(N.B. Notes in this download are confined to the most basic and to some issues that seem often to be overlooked in discussions on this subject – especially in student’s (and my own) initial understandings of the topic. The topic is covered in almost every chemistry text to A-level and in first-year undergraduate texts so no attempt is made here to produce a comprehensive treatment at any level. Reference is made to the text:

Atkins & Jones (1999) since it contains better diagrams that are drawn here and, where appropriate, a fairly comprehensible mathematical background (for the KS5+ teacher) References are given to A&J. It is probably better for you to use a text-book with which you are already familiar – diagrams and discussions should be fairly easy to identify. Remember that the intention here is more to encourage debate than to provide facts for re-transmission. This is also the express purpose of the Atkins / Jones text.)

A huge amount of information, including many different representations of the Periodic Table can be found at http://www.meta-synthesis.com/webbook/35_pt/pt.html .
Prerequisite knowledge / ideas. (See ‘Fundamentals section in A&J pp F1-F115)

· Energy – inter-conversions especially potential

· Elements; compounds, chemical and physical properties of materials.

· Symbols, formulae and equations, conservation of matter. 

· Atomic structure

· Electrons, protons and neutrons

· The nucleus surrounded by electrons (equal numbers of protons – in the nucleus – and extra nuclear electrons give a neutral atom.

· Atomic number and mass number for atoms. (Isotopes of elements with different numbers of neutrons.)

· The beginnings of understanding about metallic, ionic and covalent bonding and different types of chemical reactions. The representation and stoichiometry of these reactions.

Need to come to terms with the results of Quantum Theory and the qualitative conclusions regarding electronic energy levels within atoms.
· The relationship between the wavelength of light (electromagnetic radiation) and the energy of the corresponding ‘photons’ (A&J section 1.2)
· Evidence for the existence of these energy levels is obtained from atomic spectroscopy. When atoms are ‘excited’ e.g. by introducing them into a high temperature flame it is possible to measure the energy (wavelength) of the light emitted and absorbed as electrons ‘jump’ between the various energy levels that are available to them. (A&J p1-17 and Figs 1.17 – 1.19) Note that these measurements are made on atoms in the gas phase that are well separated from one another – the energy levels – especially the outer ones – will be changed if the atoms stay close to other atoms either by condensation or in a compound. Our knowledge of the existence of elements in the universe comes from these spectral lines or ‘signatures’ – for example the element helium was first discovered on the sun [Greek - Helios] – by its (until then unknown) spectral lines.

· Linked with the Schrödinger Wave Equation it is possible to gain a picture of the volume of space around an atomic nucleus where it is most probable that an electron in a particular energy level will be found. (This probabilistic picture is also a feature of the ‘Heisenberg Uncertainty principle.’)  This gives ‘pictures’ of, so called, orbitals – and these become fundamental when considering the shapes and directions of chemical bonds later. Conceptually this whole area is fraught with partial and alternative understandings that even experienced chemists find it difficult to use consistently. Perhaps the most common problem is the visualisation of an ‘orbital’ just as the volume of space where a particular electron is to be found. The line that is drawn in chemistry texts represents a ‘boundary surface’ which encloses that volume where it is 90% certain that the electron will be found. (A&J p21-23) It is not correct to consider these boundary surfaces as electron pathways (confusion with the Bohr model of the atom that this model supersedes) indeed it seems more helpful if we can think of an electron as a cloud spread within the orbital rather than as a discreet particle. This model enables us to explain how different orbitals penetrate closer to the nucleus than others and help explain the shielding effect of different occupied orbitals.

· The quantum theory and the Wave Equation allow the energy levels containing electrons to be defined in terms of a set of quantum numbers. The Pauli Exclusion Principle requires that no two electrons in the same atom can have the same set of quantum numbers. (A&J p17-21) There are four quantum numbers required to define an orbital within an atom and these determine the energy and the shape and symmetry of the orbital.

· ‘n’ – this is the principal quantum number and it primarily defines the energy of the electron in the orbital. It can take any integral value from 1 upwards. The number of ‘n’ defines the electron shell number within an atom.(Actually in an isolated hydrogen atom it completely determines the energy of the electron. In other, multi-electron atoms, the electrons are both attracted to the nucleus and repelled by each other – and in these cases the second QN also affects the energy also.
· ‘l’ -  this is called the orbital angular momentum QN (sometimes the ‘azimuthal’ QN.) It can take any value between 0 and (n-1) and it defines the shape and symmetry of the orbital – and also has a lesser effect than n on the energy of a multi-electron atom.
· When l=0 we have an ‘s’ orbital. This is spherically symmetrical about the nucleus

· When l=1 we have a ‘p’ orbital (A&J p22)
· When l=2 we have a ‘d’ orbital (A&J p22)

· When l=3 we have an ‘f’ orbital (A&J p23)

· ‘m’ – this is called the magnetic QN and it affects the energy of an electron in an orbital only in the presence of a magnetic field. ‘m’ can take any value from +l to –l. Thus there is only one ‘s’ orbital in a shell (since when l=0, m=0), but there are three ‘p’ orbitals (when l=1, m can be +1,0 or -1), five ‘d’ orbitals and seven ‘f’ orbitals.

· ‘s’ – is called the spin QN and can take the value of +½ or -½. This means that two electrons can occupy any of the orbitals defined above, but only if they ‘spin’ in opposite directions. (A&J p23-4)
· When an atom is in its lowest potential energy state (its ground state) the number of electrons is the same as the number of protons (the Atomic Number) and the electrons occupy the lowest energy orbitals that are available to them. In terms of the number of electrons that required to fill successive shells of an atom it should be clear from the above that for the first shell, when  n=1 the maximum number is 2, when n=2 it is 8 and when n=3 it is 18 (Generally = 2n2.)

(You will probably find it helpful to have a copy of the Periodic Table – long form – to hand whilst reading this next section)

We now have the basis for building up the electronic structures of the ground states of the atoms of all elements in the periodic table. Starting with hydrogen with one electron (Z=1; one proton in the nucleus) we then add one proton to the nucleus, one further electron then occupies the only remaining ‘space’ in the first shell – and with helium the first shell is full – and the first period of the Periodic Table is complete.

(A&J p25-33) If we continue this ‘Building-up Principle’ (Usually called the ‘auf-bau’ principle as in German.) The next eight electrons, forming Li to Ne, complete the next Period of the Table and fill the second shell. The third shell then fills in a similar fashion, from Na to Ar. At this point, although the third shell is not filled, the next electrons become 4s electrons (K & Ca) since these have lower energies than 3d (A useful guide to the energy level is the sum of the first two QNs – (n+l) – although if the values are the same n is the more important. In this case (n+l) for 3d electrons is 5 and for 4s electrons it is 4.)

However, the next electron will either be 3d or 4p (In both cases (n+l)=4) and the 3d electrons would have the lower energy. Hence the next electron enters the THIRD shell (not the outer one) and from Sc to Zn the filling of the third shell is completed. (Sc to Zn form the first set of a different sort of element, the transition elements) after these the FOURTH shell is still not complete – but the FOURTH Period is completed – with the elements Ga to Kr.

The FIFTH period Rb to Xe builds up in an exactly parallel way to contain the next 18 elements using the 10 transition elements (the d orbitals) from the fourth shell (which still remains incomplete)although it must be noted that at Xe the fifth shell is by no means yet full.

The SIXTH period begins as the next two electrons become 6s electrons (Cs & Ba) and then the filling of the FOURTH shell is completed with 14 elements of a new type often called ‘inner-transition elements’ (La to Yb – the Lanthanides or ‘rare earth’ elements (the4f orbitals)). Then follows a further set of ten transition elements Lu to Hg as the 5d orbitals are filled. Period SIX is then completed with 6 more ‘typical’ elements from Tl to Rn.(the 6p orbitals)

Building the SEVENTH period begins with Fr & Ra with the outer electrons being 7s this then parallels period six with a set of 14 inner transition elements (Ac to No – the Actinides – the 5f) The next few elements are probably transition elements but this period remains incomplete since no elements beyond No.113 have been confirmed. (All of the elements in this period are radioactive and there are no stable isotopes known of any of them. Except in the case of some of the longer lived isotopes e.g. of Ra, U, it is impossible to confirm the ‘ordinary chemistry’ of most of the elements in this period.)

Hund’s Rule: This is important in predicting the numbers of unpaired electrons in the ground state of an atom. It simply states that the electrons in the ground state of an atom occupy the orbitals to give the lowest total energy for the atom. When the p, d or f orbitals in any shell are being filled the electrons FIRST go one into each orbital before pairing off to complete the sub shell.

Examining the detailed electronic structure if the elements across the Periodic Table will discover a few structures that do not quite fit the pattern outlined above although the discrepancy is rarely more than one electron. For example the rules above lead to an expectation that the electronic structure of a copper atom in its ground state will be 1s2, 2s2, 2p6, 3s2, 3p6, 4s2, 3d9. Actually it turns out to be 1s2, 2s2, 2p6, 3s2, 3p6, 4s1, 3d10. This seems to be because the completely filled 3d sub-shell has a lower energy and that, overall the energy is lower with a completely filled 3d sub-shell and a half filled 4s shell. (The energy differences in these cases are small but it is necessary to check the accepted values especially when the movement of one electron allows a lower sub-shell to become completely filled, or exactly half-filled.)
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