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Introduction






Welcome to How to Pass Advanced Higher Chemistry. This book follows the updated 2019 SQA arrangements for the Advanced Higher Chemistry course.




Using this book


The content of this guide is designed to help you prepare for the SQA Advanced Higher Chemistry exam. It provides a complete summary of the Advanced Higher course and offers the following features to aid understanding and improve recall of important points.




Key points
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Key points




	
•  Key point summaries at the start of each chapter detail the knowledge and skills required by the SQA.


	
•  Once you have read the chapter and completed the questions, go back and check the key points to ensure that you have gained the required knowledge from this chapter.


	
•  Using the key points and the study questions, you should be able to test your knowledge of the topic.
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Hints & tips
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Hints & tips


This feature gives you extra hints and tips and draws your attention to particular things to think about and remember for each topic.
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Examples
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Examples


Throughout the book, you will find sets of worked examples to test your knowledge of the concepts in each chapter and show how to answer the questions at Advanced Higher level.


Before looking at the exemplar answer provided, try to recollect how to answer such questions from the information you have read in the chapter. It is essential for your learning to make every effort to recall information; this effort of mentally searching for an answer helps to strengthen your memory and will boost your ability to learn. Review your answer against the exemplar provided.
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Study questions
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Study questions


Study questions are found at the end of each chapter. They should be used to test your knowledge and understanding of the chemistry covered. The questions included have been selected carefully and some are modelled on those found in previous SQA Advanced Higher examinations. Like the worked examples, you should always try to answer the question using your own recall of the topic before checking the answers given in the book.
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Glossary


Electronegativity: Electronegativity is a measure of the attraction an atom involved in a bond has for the electrons of the bond.


Frequency: This is the number of wavelengths that pass a fixed point in one unit of time.







Exam-style questions


At the end of each unit you will find a number of exam-style questions to work through. Answers to these can be found, along with answers to all the Study questions, at the end of the book.







Additional features of the Advanced Higher Chemistry exam


This section appears at the end of the book and offers advice on how to tackle two important features of the Advanced Higher Chemistry exam: numeracy and open-ended questions. Both are explored in detail and are supported with worked examples and study questions. Again, you should practise the exemplars and study questions before comparing them against the worked examples.










The Advanced Higher Chemistry course


The Advanced Higher Chemistry course comprises four areas which are covered in the four units of this How to Pass guide.








	Key area

	Topics covered










	Inorganic chemistry

	Electromagnetic radiation and atomic spectra, atomic orbitals; electronic configurations and the Periodic Table; transition metals






	Physical chemistry

	Chemical equilibrium; reaction feasibility; kinetics






	Organic chemistry and instrumental analysis

	Molecular orbitals; synthesis; stereochemistry; experimental determination of a structure; pharmaceutical chemistry






	Researching chemistry

	Common chemical apparatus; skills involved in experimental work; stochiometric calculations; gravimetric analysis; volumetric analysis; practical skills and techniques















Advanced Higher Chemistry assessment


There are two parts to the Advanced Higher Chemistry assessment:




	
•  project


	
•  examination paper.







Project


The project is worth 25 marks. This is scaled by SQA to represent 25% of the overall marks for the course assessment. The project allows you to carry out an in-depth investigation of a chemistry topic of your choosing and produce a project report. You will be required to plan and carry out a chemistry investigation on your own, after discussing potential topics with your teacher or lecturer to ensure you do not waste time researching unsuitable topics. You will need to work autonomously, making independent and rational decisions based on evidence and interpretation of scientific information, by analysing and evaluating your results. This will help develop and enhance your scientific literacy skills, and offers challenge by requiring you to apply skills, knowledge and understanding in a new context.







Examination question paper


The question paper has 110 marks. This is scaled by SQA to represent 75% of the overall marks for the course assessment.


The question paper has two sections. Section 1 contains multiple-choice questions and is worth 25 marks. Section 2 contains restricted-response and extended-response questions and is worth a total of 85 marks. This written exam lasts for 3 hours.










Advice for all Advanced Higher Chemistry students


Advanced Higher Chemistry requires you to have a great deal of knowledge and understanding of the topics studied, as well as the confidence to answer standard questions that may be asked in the exam. This book presents you with all the chemical knowledge you will need in summarised form and includes likely question types you will be asked.


The difficult part is learning and understanding this knowledge and remembering how to do the standard questions. Try to get into the habit of reviewing the relevant chapters at the same time as you are studying the concepts in class. To ‘review’ means to read and test your understanding and recall. Using the worked examples and study questions in this book will help to reinforce the information you have read. The more you retrieve the information, the more easily knowledge will come to you. In other words, you need to review and attempt the questions in each chapter several times.


Make sure to space out revision over a long time period to ensure maximum retrieval from long-term memory. Research has shown that it is a more effective strategy than simply doing the same questions over and over. Once you have mastered one chapter and checked your understanding, you should move on to another chapter and repeat the process. You should then return to the original chapter a week or two later and test your understanding again. You may well have forgotten some knowledge and so will have to review the questions again. This will work to reinforce the information in your memory.


Specific advice is given at the back of the book for tackling numeracy and open-ended questions. These are questions which most students avoid tackling when revising or in the final exam. To achieve greater success, it is necessary to practise answering these types of questions when revising. This helps to build confidence and the skills needed to face these questions in an examination setting.


I hope that this book will help you during your final chemistry studies at school. Even if you do not choose to pursue chemistry at university level, it is hoped that this course will have given you a greater understanding of the use of chemistry in everyday life from medicines to food production.















Unit 1 Inorganic chemistry








Chapter 1


Electromagnetic spectrum






[image: ]


Key points




	
•  Electromagnetic radiation can be described as a wave (with a wavelength and frequency) and as a particle; it is said to have a dual nature.


	
•  The relationship between wavelength (λ) and frequency (f) is given by:

c = f × λ


where c is the speed of light in a vacuum, 3.00 × 108 m s−1.




	
•  When electromagnetic radiation is absorbed or emitted by matter, it behaves like a stream of particles; these particles are known as photons. The equation

E = hf


where h is Planck’s constant, 6.63 × 10−34 J s, can be used to calculate the energy associated with a single photon. The energy associated with one mole of photons is given by
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where L is Avogadro’sconstant, 6.02 × 1023 mol−1.




	
•  The energy is often given in units of kJ mol–1.


	
•  When a photon is absorbed or emitted, the electrons within the substance gain or lose energy.


	
•  Photons in high-frequency radiation transfer more energy than photons in lower-frequency radiation.


	
•  In emission spectroscopy, high temperatures are used to excite the electrons within atoms in the sample and as the electrons drop to lower energy levels, photons are emitted and measured. An emission spectrum of a sample is produced by measuring the intensity of light emitted at different wavelengths.


	
•  When photons of light energy are absorbed by atoms, electrons move from a lower energy level to a higher one. As this happens, an absorption spectrum is produced. The difference between the intensity of absorbed light and the transmitted light gives the spectrum, and it varies with wavelength.


	
•  Each element produces a unique pattern of frequencies of radiation in both its emission and absorption spectra, and these can be used to identify and quantify the elements present within a sample.


	
•  The concentration of an element within a sample is related to the intensity of light emitted or absorbed and this can be used to determine unknown concentrations of an element.
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Electromagnetic radiation


Electromagnetic radiation is a form of energy. The electromagnetic spectrum consists of many bands of electromagnetic radiation which differ in terms of energy (E), wavelength (λ) and frequency (f). Visible light is only a small part of the electromagnetic spectrum. Visible light is split into seven different colours that have different wavelengths and frequencies.


Electromagnetic radiation can be described as a wave and as a particle and is said to have a dual nature.
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Hints & tips


The colour order in the visible light electromagnetic spectrum can be remembered from the mnemonic ROY G BIV.
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Figure 1.1 The electromagnetic spectrum
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Hints & tips


Frequency and wavelength are inversely proportional: as frequency increases, wavelength decreases and vice versa.
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When using the wave model to describe electromagnetic radiation, the waves can be specified by their wavelength and frequency:




	
•  The wavelength of a wave (given the symbol lambda, λ) is the distance between adjacent crests or adjacent troughs and in chemistry is typically measured in nanometres (1 nm = 1 × 10–9 m).


	
•  The frequency (symbol, f) is determined by the number of wavelengths which pass a fixed point in one second. This is measured as the reciprocal of time (s–1) which is also called hertz (Hz).





All electromagnetic radiation travels at the same velocity. This constant is the speed of light (symbol, c) and, in a vacuum, it is approximately equal to 3.00 × 108 m s–1. Frequency and wavelength are related by the formula:


c = wavelength × frequency


or


c = f × λ.
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Examples




	
1  Electromagnetic radiation is found to have a wavelength of 1100 nm. Calculate the frequency of this radiation. (Give your answer to three significant figures.)





Answer


c = f × λ


Rearrange this formula to find f.
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2  Electromagnetic radiation is found to have a frequency of 6 × 1012 Hz. Calculate the wavelength of this radiation. (Give your answer to three significant figures.)





Answer


c = f × λ


Rearrange this formula to find λ.
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Electromagnetic radiation is useful in chemistry as it can be both absorbed and emitted. When electromagnetic radiation is absorbed or emitted it behaves like a stream of particles (so we have to use the particle model rather than the wave model). These particles are called photons. When a photon is emitted or absorbed, energy is lost or gained by the electrons in the sample being studied. Photons which are at high frequencies transfer larger amounts of energy than photons in lower frequencies.






[image: ]


Hints & tips


That violet/UV is high energy is easily remembered by the fact that UV radiation from the Sun causes sunburn and skin cancers.
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So there is a relationship between the energy (E) carried by a photon and its frequency. This relationship is given by the equation:


E = hf


where h is Planck’s constant and has the value 6.63 × 10–34 J s. In chemistry, we use kJ not J so to convert J to kJ, the number value must be divided by 1000.


To obtain the quantity of energy in kJ mol–1, the relationship of E has to take into account the moles present, so uses Avogadro’s constant (L), 6.02 × 1023 mol–1. So the energy in kJ mol–1 is given by the equation:
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When relating energy to wavelength, the equation to use is
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Hints & tips


The values of Planck’s constant (h), the speed of light in a vacuum (c) and Avogadro’s constant (L) are provided on the back page of the data booklet along with SI prefixes and multiplication factors.
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Example




	
3  Calculate the wavelength, in nm, of light required to break 1 mole of H—Cl bonds. Use the bond enthalpy data from the data booklet.





Answer


H–Cl bond enthalpy = 432 kJ mol–1


[image: ]


Rearrange this formula to find λ.
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The question asks for the answer in nm so multiply by 109.


λ = 2.77 × 10–7 × 109 = 277 nm
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Atomic emission spectra


When a beam of white light is passed through a prism or from a diffraction grating onto a screen, a continuous spectrum is visible.


When white light from a source passes through a sample being heated, the spectrum turns out not to be a continuous spectrum, but a series of lines of different wavelengths and thus of different colours. Each line corresponds to the energy given out when excited electrons move down to a lower energy level, generating photons of various frequencies.


These lines correspond to certain specific frequencies and wavelengths found in the visible or ultraviolet spectrum. Each element creates its own unique spectrum, something like a chemical fingerprint, with its own specific frequencies and wavelengths.







Atomic absorption spectroscopy


When a beam of continuous radiation like white light is directed through a gaseous sample, it can cause an atom to make a transition from its ground state to an excited state. If the frequency of the light, and therefore the energy of the photon, corresponds to an excitation energy of the atom, then the photon of light is absorbed. The radiation that emerges will therefore have certain wavelengths missing. These show up as dark lines on a continuous spectrum called an atomic absorption spectrum (Figure 1.2).
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Figure 1.2 Absorption and emission spectra for hydrogen and helium








Both emission and absorption spectroscopy can be used to determine whether a certain species is present in a sample and how much of it is present, since the intensity of the transmitted or absorbed radiation can be measured.


A calibration graph is first made using known concentrations of the species being analysed. The radiation absorbed or emitted by the species in these samples is then plotted against concentration. When the unknown sample is analysed, the concentration of the species can be found from the graph by reading off the concentration of the known sample with the same absorbance.
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Figure 1.3 A calibration graph of absorbance against concentration
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Study questions




	
1  Electromagnetic radiation is found to have a wavelength of 900 nm. Calculate the frequency of this radiation. (Give your answer to three significant figures.)

[3 marks]




	
2  Electromagnetic radiation is found to have a frequency of 5 × 109 Hz. Calculate the wavelength of this radiation. (Give your answer to three significant figures.)

[3 marks]




	
3  A line in the visible spectrum is caused by an electron transition with an associated energy of 264 kJ mol–1. Calculate the wavelength of this line in nanometres.

[3 marks]




	
4  Strontium is an element discovered on the west coast of Scotland. When strontium is placed in a flame, a red colour is observed which has a very prominent line in the spectrum.



	
a)  Refer to your data booklet to determine the wavelength of this line.

[2 marks]




	
b)  Calculate the energy, in kJ mol–1, of the electron transition related to this line.

[2 marks]
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Chapter 2



Shapes of atomic orbitals and quantum numbers
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Key points




	
•  The discrete lines observed in atomic spectra can be explained if electrons, like photons, display the properties of both particles and waves.


	
•  Electrons behave as standing (stationary) waves in an atom. These are waves that vibrate in time but do not move in space.


	
•  There are different sizes and shapes of standing wave possible around the nucleus, known as orbitals. Orbitals can hold a maximum of two electrons.


	
•  There are four types of orbitals (s, p, d and f), each with a characteristic shape or set of shapes. Diagrams of the shapes of s and p orbitals can be drawn and recognised. Diagrams of d orbitals should be recognised.


	
•  Electrons, like photons, display both wave- and particle-like properties. Atomic orbitals are regions where there is a high probability of finding the electrons.


	
•  Quantum mechanics provides us with equations that predict the shape and orientation of these orbitals based on four quantum numbers that are unique for each electron.


	
•  These four numbers are: principal quantum number n (representing energy), angular momentum quantum number l (representing shape), magnetic quantum number ml (representing orientation) and spin magnetic quantum number ms (these are opposite for paired electrons).


	
•  An orbital holds a maximum of two electrons of opposite spin.


	
•  In an isolated atom, the orbitals within each shell are said to be degenerate.
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Atomic orbital shapes


It is not possible to define a point in space where an electron is to be found as they are constantly moving. However, the probability of finding an electron within a certain volume of space can be calculated. The regions where there is a high probability of finding an electron are called atomic orbitals. In these areas, there is approximately a 90% chance of detecting an electron. So, an orbital provides a defined volume of space where there is a high probability of finding an electron.


There are four orbital types: s, p, d and f. These letters were chosen on the basis of observations of line spectra. Certain lines were observed as a ‘sharp’, ‘principal’, ‘diffuse’ or ‘fundamental’ series, hence s, p, d, f.


All s orbitals are spherical in shape. An s orbital in the first shell is smaller in diameter than an s orbital in the second shell. Their diameter increases as the shell number increases. They are the only orbital present in the first shell. Each s orbital can only hold two electrons of opposite spins.


The p orbitals are dumbbell shaped and they lie along the x-, y- and z-axes as shown in Figure 2.1. p orbitals only occur from the second shell onwards. These orbitals all have equal energy and are said to be degenerate. The second shell can hold a maximum of eight electrons. The s orbital can hold the first two of these electrons and the p orbitals can each hold two electrons. Therefore, the second shell has one s and three p orbitals.
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Figure 2.1 Degenerate p orbitals aligned along three axes








The third shell can hold a maximum of 18 electrons. Two electrons are held in the s orbital and another six electrons are held in the three p orbitals. This means that ten electrons must be held in the d orbitals. Each orbital can only hold two electrons so there must be five d orbitals present in the third shell onwards. The shapes and orientations of the d orbitals are shown in Figure 2.2.
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Figure 2.2 Degenerate d orbitals and their orientations with respective to the three axes








Elements with more than one electron produce more complex emission spectra than hydrogen. When these are examined under high resolution it shows that the lines are often not single lines but are split into doublets or triplets, and so on. This provides evidence that the electron shells are further subdivided into s, p, d and f orbitals. Calculations using quantum mechanics show that all shells have an s orbital and all the shells except the first have p orbitals. All the shells except the first and second have d orbitals and so forth.


At Advanced Higher level, there is no need to learn about the shape or orientation of f orbitals.
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Hints & tips


Learn how to draw unlabelled s and p orbitals. Be able to recognise the d orbitals and identify the correct axes.
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Quantum numbers


Emission spectra of elements with more than one electron show evidence of these atomic orbitals. The theory of quantum mechanics was put forward to explain these atomic orbitals and explain why an electron can show properties of both waves and particles.


An electron can only possess certain fixed amounts of energy known as quanta. The basis of quantum theory states that the energy of an electron can be defined in terms of four quantum numbers. Each electron in any element will have its own individual set of quantum numbers. This provides a type of ‘address’ for each electron in an atom.




	
1  Each shell is described by a number, known as the principal quantum number, n. This number indicates the electron’s main energy level and is related to the orbital size.

The shells are numbered starting with the shell nearest to the nucleus and working outwards. So, the first shell has a principal quantum number n = 1, the second shell n = 2 and so forth. The higher the value of the principal quantum number n, the higher the potential energy associated with the shell and the further from the nucleus the electron is likely to be found.




	
2  The shape of the subshell is given by the angular momentum quantum number, l. l can have values from 0 to n – 1. If the angular momentum quantum number l = 0, the electron is found in an s-shaped orbital. If l = 1, then the electron is in a p-shaped orbital; when l = 2, the electron is in a d-shaped orbital and when l = 3, the electron is in a f-shaped orbital.


	
3  The orientation in space of the electron in the different degenerate p, d and f orbitals is given by the magnetic quantum number, ml. This number can have values between – l and +l. The angular momentum quantum number has an effect on the values of the magnetic quantum number. If n = 2 and l = 1, then ml will correspond to the orientation of the p orbital and will have values ml = –1, 0, +1 which correspond to the 2px, 2py and 2pz orientations. If n = 3 and l = 2, then ml will correspond to the d orbitals and will have values ml = –2, –1, 0, +1, +2 which corresponds respectively to the 3dxy, 3dxz, 3dyz, 3dx2–y2 and 3dz2 orientations.


	
4  The final quantum number is the spin magnetic quantum number, ms. This indicates the direction in which an electron is spinning. This can be either clockwise or anticlockwise and has one of two values: [image: ] and [image: ] No two electrons occupying the same atomic orbital can

have the same spin; they must have opposite spins.







Using the four quantum numbers, n (shell), l (shape), ml (orientation) and ms (spin), we can describe every electron in an atom.
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Examples




	
1  Which line in the table could represent the quantum numbers for one of the outer electrons in a sodium ion, Na+?
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Answer


A: A sodium ion has the electronic configuration 2,8. The outer electrons are in the second shell so the principal quantum number must be n = 2. l = 1 suggests the p orbital and then ml = 0 suggests the 2py orientation. The spin is given by ms [image: ] This is the only line which would correspond to the quantum numbers for the sodium ion.




	
2  State the values of the four quantum numbers (n, l, ml and ms) for one of the electrons in the 3s orbital of sulfur in its ground state.





Answer


n = 3 indicates the 3rd shell and l = 0 indicates the s orbital. ml = 0 as the s orbital has only one orientation and ms is either [image: ] So the answer can be either n = 3, l = 0, ml = 0 and ms [image: ] or n = 3, l = 0, ml = 0 and ms [image: ]
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Study questions




	
1  How many atomic orbitals make up the 4d subshell?

[1 mark]




	
2  The table shows four sets of quantum numbers.



	
a)  Explain which set of numbers is not allowed according to quantum theory.

[1 mark]




	
b)  Which set of numbers represents an s subshell?

[1 mark]




	
c)  Which set of numbers could belong to a hydrogen atom in its ground state?

[1 mark]
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Hints & tips


Remember that the maximum number of electrons in any orbital is two electrons with opposite spins.
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Chapter 3



Orbital notations
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Key points




	
•  The orbitals within each subshell of an isolated atom are degenerate.


	
•  Within atoms, electrons are arranged according to three rules: the Pauli exclusion principle, the Aufbau principle and Hund’s rule.


	
•  The Pauli exclusion principle states that no two electrons in one atom can have the same set of four quantum numbers. In other words, no orbital can hold more than two electrons, and these two electrons must have opposite spins.


	
•  The Aufbau principle states that orbitals are filled in order of increasing energy.


	
•  Hund’s rule states that when degenerate orbitals are available, electrons fill each singly, keeping their spins parallel before spin pairing starts.


	
•  The relative energies corresponding to each orbital can be represented diagrammatically for the first four shells of a multi-electron atom.


	
•  Atomic numbers can be used to write the electronic configuration of any element using spectroscopic notation and orbital box notation. At Advanced Higher you are required to do this for elements 1 to 36.





[image: ]










Rules for arranging electrons in orbitals


Electrons occupy energy levels or shells when orbiting the nucleus. In the previous chapter it was seen that some of these shells are divided into subshells, in which the orbitals have the same energy. Electrons are placed into an orbital according to certain rules:




	
•  The first of these rules is called the Pauli exclusion principle. This states that no two electrons in the same atom can have the same four quantum numbers. So no orbital can hold more than two electrons, and the two electrons must have opposite spins.


	
•  The Aufbau principle states that electrons fill the subshells in order of increasing energy. This means that the lowest energy subshells are filled first. So an s subshell is filled before a p subshell, which is filled before a d subshell. All the p and all the d orbitals within a subshell are of equal energy. The 3d subshell is at a slightly higher energy level than the 4s subshell. Spectroscopic data gives the following arrangement of the energies of the orbitals: 1s 2s 2p 3s 3p 4s 3d 4p 5s 4d 5p 6s 4f 5d 6p 7s 5f etc. So the filling order is as shown in Figure 3.1.


	
•  The final rule is Hund’s rule which states that when degenerate orbitals are available, electrons fill each degenerate orbital singly and with parallel spins, before pairing up to fill the orbitals.
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Hints & tips


Degenerate orbitals have the same energy.
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Hints & tips


The 4s orbital has lower energy than the 3d orbital.
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Figure 3.1 The order in which the orbitals are filled. Follow the arrow.
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Hints & tips


Learn the definitions of the three rules: the Pauli exclusion principle, the Aufbau principle and Hund’s rule. Understand how to apply them.
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Electronic configuration


When electrons are placed in an orbital, a number is written (as a superscript) after the subshell notation. For example, one electron in the 1s shell is written as 1s1 and six electrons in the p subshell is written as 2p6. This is called the electronic configuration. The electronic configurations are given on page 8 of the data booklet, but this just gives the number of electrons in each principal shell; it does not tell you which subshell they are found in. The electron arrangement of oxygen is 2,6 and so the electronic configuration of an oxygen atom is given as 1s2 2s2 2p4.


With the exception of the transition metals, atoms form ions which have the electronic configuration of the nearest noble gas. An oxygen atom gains two electrons to form an O2− ion. The electron arrangement of an oxygen ion is 2,8 and so the electronic configuration of an oxygen ion is 1s2 2s2 2p6. Particles which have the same electronic configuration are said to be isoelectronic. An atom of neon and a sodium ion (Na+) also have the electronic configuration of 1s2 2s2 2p6 and so are isoelectronic with the oxygen ion (O2−).


The atoms of chromium and copper have unusual electronic configurations because of the stability of filled and half-filled orbitals. Chromium has an electron arrangement of 2,8,13,1 and the electronic configuration is 1s2 2s2 2p6 3s2 3p6 3d5 4s1 rather than 3d4 4s2. This is because having one electron in each of the 3d orbitals makes it more stable. It also means they are symmetrical around the nucleus.


Copper has an electron arrangement of 2,8,18,1 and so the electronic configuration is 1s2 2s2 2p6 3s2 3p6 3d10 4s1 rather than 3d9 4s2. The ten electrons in the 3d orbitals make the atom more stable due to the symmetry around the nucleus.
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Hints & tips


Remember that chromium and copper both have unusual electronic configurations so put a star beside them in your data-booklet electron arrangement before you start your exam or test.
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Note that when writing out the electronic configuration, you must write it in order of principal quantum number with the accompanying s, p, d, f notation: so the order of writing out is 1s 2s 2p 3s 3p 3d 4s 4p 4d 4f 5s 5p 5d but the order of orbital filling is 1s 2s 2p 3s 3p 4s 3d 4p 5s 4d 5p.


When the electrons are in their lowest possible energy levels, the atom is said to be in the ground state.
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Examples




	
1  Write the electronic configuration of a potassium atom.





Answer


The electron arrangement of a potassium atom is 2,8,8,1, so the electronic configuration is 1s2 2s2 2p6 3s2 3p6 4s1.


The 3d and 4p orbitals are not occupied by electrons and so are not written in the electron configuration.




	
2  Write the electronic configuration of a sulfide ion, S2−.





Answer


The electron arrangement of a sulfur atom is 2,8,6, so the electronic configuration is 1s2 2s2 2p6 3s2 3p4.


When the sulfur atoms form sulfide ions, they gain two electrons to give them the same electron arrangement as argon. So the electronic configuration of a sulfide ion is 1s2 2s2 2p6 3s2 3p6.




	
3  Write the electron configuration of an iron(III) ion.





Answer


The electron arrangement of an iron atom is 2,8,14,2, so the electronic configuration is 1s2 2s2 2p6 3s2 3p6 3d6 4s2.


When the iron atoms form iron(III) ions, they lose three electrons to become Fe3+. Iron is a d-block element, and these elements lose their 4s electrons first. So it loses two electrons from the 4s and one electron from the 3d. The electronic configuration of an iron(III) ion is 1s2 2s2 2p6 3s2 3p6 3d5.


[image: ]













Orbital box notation


From the previous chapter we know that there are three p orbitals in the p subshell and five d orbitals in the d subshell. One p orbital lies along the x-axis and is px; the py lies along the y-axis and the pz lies along the z-axis. The different p orbitals are degenerate. Following Hund’s rule, each degenerate orbital must be filled singly before the electrons of a different spin are paired up. This allows the Pauli exclusion principle to be followed. Electronic configuration illustrates the total number of electrons in the subshell but does not show the electrons in the degenerate orbitals; to show this, orbital box notation is used. This notation shows the orbitals as boxes, with arrows being used to represent the electrons. Electrons of opposite spins are represented by arrows pointing in opposite directions (Figures 3.2, 3.3 and 3.4).
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