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UNIT 1 SUMMARY AND SYLLABUS REFERENCE
	Lesson
	Title and Syllabus Reference

	1
	Atoms – Names and Symbols
CA1bi atomic number/proton number (definitions and representation in symbols of atoms and sub-atomic particles); CA1biii atoms; CA4a chemical symbols; ISA4.1 particulate nature of matter (atoms, atomic structure); ISA4.4 atomic number of given elements

	2
	Atoms – Mass, Charge and Isotopes
CA1bi number of neutrons, isotopes (definitions and representation in symbols of atoms and sub-atomic particles); CA1biii atoms; ISA4.1 particulate nature of matter (atoms, atomic structure); ISA4.4 mass number, isotopes of given elements (carbon-12 isotope should be mentioned as reference scale)

	3
	Atoms – Relative Atomic Mass; Ions
CA1bi atomic mass (atomic mass as the weighted average mass of isotopes, calculation of relative mass of chlorine should be used as an example); CA1biii atoms and ions, ISA4.1 particulate nature of matter (atoms, ions atomic structure); ISA4.4 relative atomic mass of given elements (relative atomic masses should be explained using the Periodic Table)

	4
	Atoms – Energy Levels, Orbitals and Shells
CA1d electronic energy levels (experimental evidence and interpretation of line spectra - qualitative treatment only); CA1dii orbitals (origin of s, p, d and f orbitals as sub-energy levels, shapes of s and p orbitals only); ISA4.1 particulate nature of matter (atoms, atomic structure)

	5
	Atoms – Electronic Configuration
CA1di electronic energy levels - arrangement of electrons in the main and sub-energy levels (mention should be made of the arrangements of electrons in the main shells (K, L, M) as 2:8:18); CA1diii electronic energy levels - rules and principles for filling in electrons (Aufbau Principle, Hund’s Rule of Maximum Multiplicity and Pauli Exclusion Principle, abbreviated and detailed electronic configuration in terms of s, p, and d orbitals from hydrogen to zinc), ISA4.1 particulate nature of matter (atoms, atomic structure); CA2c elements of the first transition series (electronic configuration)

	6
	Ions – Electronic Configuration; The Periodic Table
CA2a Periodicity of the Elements (electronic configurations leading to group and periodic classifications); ISA4.1 particulate nature of matter (ions, atomic structure)

	7
	Periodic Trends – Size and Ionization Energy
CA2aii Periodicity of the Elements: The Periodic Law, trends in periodic properties - down a group and across a period (periodic properties for the first 18 elements: atomic size, ionic size, ionization energy, simple discrepancies should be accounted for)

	8
	Periodic Trends – Electron Affinity and Ion Formation
CA2aii Periodicity of the Elements: Trends in periodic properties - down a group and across a period (Periodic properties for the first 18 elements: electron affinity, simple discrepancies should be accounted for); CA3ai Ionic Bonding - Factors influencing its formation (formation of stable ions, factors should include ionisation energy, electron affinity)

	9
	History of the Atom and The Periodic Table
Ca1a gross features of the atom (short account of Dalton’s atomic theory and J. J. Thomson’s experiment should be given, outline description of Rutherford’s alpha particle scattering experiment to establish the structure of the atom, treatment should illustrate scientific method and development of a model); ISA2.2 The Scientific Method (Identification of the problem, hypothesis formulation, experimentation, data collection, analysis and conclusion); ISA3.2 classification schemes (contribution of Mendeleev to classification)

	10
	Unit 1 Revision and Summary
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Lesson 1 – What are atoms?

a)  Atoms and Ions

(i) What are atoms?

· Atoms are the building blocks of all matter; everything in the universe is made of atoms

· Atoms are very, very small, much too small to see, even under a microscope; if you line 100 billion atoms up in a row, it would only be 1 cm long

· In one small piece of chalk there are around 10,000,000,000,000,000,000,000 atoms

· Because atoms are too small to see, for a long time nobody knew what they looked like; different scientists in history have proposed different models showing what atoms look like, and some scientists carried out experiments to try to prove their models or disprove other people’s models; our understanding of atoms has therefore changed over time, just like our understanding of many things in science

(ii) What do we know about atoms today?

· Until 150 years ago, scientists thought that an atom was the smallest particle which existed; but since then, scientists have discovered three even smaller particles which exist inside an atom

· The three particles found inside an atom are protons, electrons and neutrons

· Protons have a positive charge, electrons have a negative charge and neutrons have no charge

· Protons and neutrons have the almost the same mass (1 unit), but electrons have (almost) no mass

· Most of an atom is in fact empty space; in the centre of this space is a nucleus, containing the protons and neutrons; the electrons travel around the nucleus in shells (like orbits), similar to the way in which planets orbit the sun

· Protons and neutrons are collectively called nucleons

	[image: Image result for test icon]	Test Your Knowledge 1.1: Understanding the basic structure of an atom

	
	Copy this diagram of a simple atom and label it with the following terms:
Proton, neutron, electron, nucleus, shell.
Then copy and complete the following table:




	
· The nucleus is very small; if an atom were the size of a football pitch, the nucleus would be the size of a drawing pin; for this reason, most diagrams of atoms are not drawn to scale

· Atoms are held together because the negatively charged electrons are attracted to the positively charged protons in the nucleus

· Inside the nucleus, the protons repel each other, and the neutrons act as a glue to stop the protons flying apart

· [bookmark: _Hlk497133388]The basic properties of the three fundamental particles in an atom can be summarized in the following table:

	[bookmark: _Hlk496890431]Particle
	Charge
	Mass
	Location

	Proton
	+1 unit
	Approx 1 unit
	Nucleus

	Neutron
	No charge
	Approx 1 unit
	Nucleus

	Electron
	-1 unit
	(almost) zero
	Shells



(iii) How do we give names and symbols to atoms?

· An atom is named after the number of protons in its nucleus; if the nucleus of an atom has 1 proton, it is hydrogen; if it has two protons, it is helium; if it has 3, it is lithium etc; the number of protons in the nucleus of an atom is called the atomic number; it has the symbol Z

	The atomic number is the number of protons in the nucleus of an atom



· The Periodic Table shows the name and symbol given to every atom, based on the number of protons it has

· Atoms do not have a charge, either positive or negative; in each atom, therefore, the number of protons and electrons must be the same, so the positive and negative charges cancel out
[bookmark: _Hlk497134809]

	[image: Image result for test icon]Test Your Knowledge 1.2: Understanding atomic names and symbols
Copy and complete the following table, using the Periodic Table to help you





Lesson 2 – How many neutrons do atoms have?

(iv) How many neutrons do atoms have?

· It is not possible to predict the number of neutrons in an atom from the atomic number alone; this is because atoms with the same number of protons (ie the same atomic number) can have different numbers of neutrons

The sum of the number of protons and neutrons in the nucleus of an atom is called its mass number; it is represented by the symbol A

	The mass number is the sum of the number of protons and neutrons in the nucleus of an atom



· In order to describe an atom completely, it is necessary to show the name or symbol of the atom (which gives the number of protons and electrons), and the mass number of the atom (from which the number of neutrons can be deduced):
· using symbols, the mass number of the atom is shown as a superscript just before the symbol:
eg 9Be
· using names, the mass number of the atom is shown after the name, separated by a hyphen:
eg beryllium-9

· Some examples of atomic symbols and their meanings include:
· 9Be (or beryllium-9) has 4 protons and 5 neutrons; you know it has 4 protons because it is a Be atom; you know it has five neutrons because it has a mass number of 9, and because it has four protons each contributing one unit to the mass, there must also be five neutrons
· 12C (or carbon-12) has 6 protons (because it is a C atom) and a mass number of 12; it must therefore have 6 neutrons
· 13C (or carbon-13) has 6 protons (because it is a C atom) and a mass number of 13; it must therefore have 7 neutrons
· Atoms such as carbon-12 and carbon-13 which have the same number of protons (ie the same atomic number) but different numbers of neutrons (ie different mass numbers) are called isotopes

	Isotopes are atoms with the same atomic number but with different mass numbers



· Magnesium, for example, has 3 naturally occurring isotopes:
· 24Mg: 12 protons, 12 neutrons
· 25Mg: 12 protons, 13 neutrons
· 26Mg: 12 protons, 14 neutrons

	[image: Image result for test icon] Test your knowledge 2.1: Understanding atomic numbers and mass numbers
Copy and complete the following table, showing the names and symbols of different isotopes:






	[image: Image result for test icon]Test Your Knowledge 2.2: Understanding atomic symbols
(a) Deduce the number of protons, electrons and neutrons in the following atoms:
(i) 11H	 (ii) 178O (iii) 13254Xe	(iv) 23592U	(v) 146C
(b) Deduce the symbol of the following atoms:
(i) 19 protons, 20 neutrons
(ii) 8 protons, 8 neutrons
(iii) 1 proton, 2 neutrons
(iv) 82 protons, 126 neutrons
(v) 53 protons, 74 neutrons




(v) Units of Atomic Mass and Charge

	[image: ]Summary Activity 2.3: Mass and charge in atoms
· What is the mass and charge on a proton, neutron and electron?



· The unit of charge is the coulomb (C); protons and neutrons both have a charge of 1.602 x 10-19 coulombs; this quantity is commonly referred to as one unit of charge and is often given the symbol e

· The mass of protons and neutrons is not fixed but varies from atom to atom; there is therefore no fundamental unit of mass; in order to define an atomic mass unit, one nucleus needs to be taken as a reference nucleus; for this purpose carbon-12 is chosen (this atom contains six protons and six neutrons); the average mass of each nucleon in this atom is 1.661 x 10-27 kg; this quantity is defined as an atomic mass unit; one atom of carbon-12 therefore has a mass of exactly 12.0000 atomic mass units by definition; this scale is often referred to as the 12C = 12 scale

	An atomic mass unit is 1/12th of the mass of one atom of carbon-12



· All other atoms are measured relative to this quantity; the exact mass of an atom compared to 1/12th of the mass of one atom of carbon-12 is called the relative isotopic mass of an atom

	The relative isotopic mass of an atom is the ratio of the mass of that atom to 1/12th of the mass of one atom of carbon-12



· Some relative isotopic masses are shown below; note that the relative isotopic mass is not exactly equal to the mass number but the differences are very small

	Isotope

	Mass number
	Relative isotopic mass

	1H
	1
	1.007825

	4He
	4
	4.002603

	9Be
	9
	9.012182

	27Al
	27
	26.981538

	59Co
	59
	58.933200



	[image: https://image.freepik.com/free-icon/think-symbol-of-a-head-from-side-view-with-brain-shape-inside_318-61572.jpg]Thinkabout 2.4: Why do protons and neutrons not have a fixed mass?
Why does the mass of protons and neutrons vary from atom to atom? Why is this fact important in the generation of nuclear power?




Lesson 3 – What is relative atomic mass?

(vi) Relative Atomic Mass

· Atoms of the same element do not all have the same mass, as they can contain different numbers of neutrons (different isotopes)

· The Periodic Table does not show all of the different possible mass numbers of every atom; it is more useful to know the average mass of an atom, known as the relative atomic mass

	The relative atomic mass of an atom is the ratio of the average mass of that atom to 1/12th of the mass of one atom of carbon-12



· The relative atomic mass of an atom therefore depends on the mass numbers of the different isotopes and their relative abundances; it can be calculated by the formula:
relative atomic mass = Σ (perentage abundance of each isotope x mass of each isotope)
100
· eg neon consists of 20Ne (90%) and 22Ne (10%)
so the relative atomic mass of Ne = (90 x 20 + 10 x 22)/100 = 20.2

· The Periodic Table shows the relative atomic mass (ie the average mass) of every atom, based on the relative abundances of their different isotopes; the Periodic Table does NOT show the masses of individual atoms

	[image: Image result for test icon]Test Your Knowledge 3.1: Calculating relative atomic masses
(a) Deduce the relative atomic masses of the following atoms:
(i) Silicon (28Si 92.2%, 29Si 4.7%, 30Si 3.1%)
(ii) Silver (107Ag 51.9%, 109Ag 48.1%)
(iii) Copper (65Cu 30.9%, 63Cu 69.1%)
(iv) Gallium (69Ga 60.2%, 71Ga 39.8%)
(v) Magnesium (24Mg 78.6%, 25Mg 10.1%,26Mg 11.3%)




	[image: https://image.freepik.com/free-icon/plus-sign_318-54005.jpg]Extension 3.2: Understanding relative atomic masses
(a) Bromine has two isotopes, with mass numbers 79 and 81. Its relative atomic mass is often given as 80. What does that tell you about the relative abundance of the two isotopes?
(b) Iridium contains a mixture of 191Ir and 193Ir. If the relative atomic mass of iridium is 192.2, what are the relative abundances of the two isotopes?




· For a more accurate calculation of relative atomic mass of an atom, it is important to use relative isotopic masses and not mass numbers; however, in practice, mass numbers are usually used because the calculations are simpler and the answer is still usually accurate to two decimal places

	
[image: Image result for test icon]Test your knowledge 3.3: Calculating relative atomic mass accurately
The relative isotopic masses of 1H and 2H are 1.0078 and 2.0141 respectively; their percentage abundances are 99.985% and 0.0155 respectively
(a) Which isotope of hydrogen contains heavier nucleons?
(b) Calculate the relative atomic mass of hydrogen to four decimal places




(vii) atoms and ions

· In an atom, the number of protons and electrons are the same; atoms can gain or lose electrons, and when they do this they become ions

· Ions are species in which the proton and electron numbers are not the same, and hence have an overall positive or negative charge; the number of electrons in a species can be deduced from its charge:
Eg if a magnesium atom (Mg) loses an electron it becomes Mg+; if it loses two electrons it becomes Mg2+; if it gains an electron it becomes Mg-; Mg+, Mg2+ and Mg- are all ions
· 24Mg2+ contains 12 protons, 12 neutrons and 10 electrons
· 25Mg+ contains 12 protons, 12 neutrons and 11 electrons
· 24Mg- contains 12 protons, 12 neutrons and 13 electrons

· Ions with a positive charge are called CATIONS; ions with a negative charge are called ANIONS

· When atoms lose electrons to form cations, the name does not change – ie a sodium atom (Na) becomes a sodium ion (Na+); when atoms gain electrons to form anions, the final one of two syllables of the name are removed and replaced with the ending -IDE; ie an oxygen atom (O) becomes an oxide ion (O2-)
	[image: Image result for test icon] Test Your Knowledge 3.4: Understanding atoms and ions
(a) Deduce the number of protons, neutrons and electrons in the following species:
(i) 4He2+ (ii) 27Al3+ (iii) 79Br- (iv) 3H+ (v) 19Na+
(b) Deduce the symbols of the following ions:
(i) 8 protons, 8 neutrons, 10 electrons
(ii) 82 protons, 125 neutrons, 80 electrons
(iii) 53 protons, 74 neutrons, 54 electrons
(iv) 84 protons, 126 protons, 82 electrons
(v) 26 protons, 30 neutrons, 23 electrons
(c) Which of the species in questions 1 and 2 are cations, and which are anions?




Lesson 4 – How are electrons arranged in atoms?

b) Electrons, Orbitals and Shells

(i) Energy Levels

· Electrons do not orbit the nucleus randomly; each electron must exist in one of a number of “energy levels”; these energy levels vary from atom to atom as they depend on the number protons in the nucleus as well as the other electrons; electrons in the lowest energy levels are those closest to the nucleus; electrons in higher energy levels are further away from the nucleus

· There is clear experimental evidence that electrons can only have certain energies; this evidence comes in the form of line spectra; when atoms are heated or subjected to other radiation, electrons are excited from lower energy levels into higher energy levels (ie they jump into energy levels further from the nucleus); when they return to the lower energy levels (closer to the nucleus) they emit radiation with energy equal to the energy difference between the two levels; when this radiation is analysed, it is found that each atoms only emits radiation with a few different energies – this is called a line spectrum, and it shows that only certain energy levels can exist in the atom; each atom has a unique set of energy levels and so gives a distinct line spectrum which can be used to identify the atom; the analysis of emission or absorption of radiation in order to identify substances is known as spectroscopy

[image: ]
Line spectra of some different atoms
Source: www.bbc.co.uk



· Energy levels in an atom can be numbered 1,2,3 etc to infinity; level 1 (or the K level) is the lowest energy level (closest to the nucleus), followed by Level 2 (or the L level) and Level 3 (or the M level); energy level infinity corresponds to the energy of an electron which is not attracted to the nucleus at all (zero potential energy); all other energy levels have negative potential energy, and the energy levels converge as they approach infinity:

		

(ii) Orbitals and sub-levels

· Electrons do not in fact orbit the nucleus in an orderly way; in fact they occupy areas of space known as orbitals; the exact position of an electron within an orbital is impossible to determine; an orbital is simply an area of space in which there is a high probability of finding an electron
· Orbitals can have a number of different shapes, the most common of which are as follows:
· s-orbitals: these are spherical

		
		Every energy level contains one s-orbital
		An s-orbital in the first energy level is a 1s orbital
		An s-orbital in the second energy level is a 2s orbital, etc
· p-orbitals: these are shaped like a 3D figure of eight; they exist in groups of three:



		                         
		Every energy level except the first level contains three p-orbitals
		Each p-orbital in the same energy level has the same energy but different orientations: x, y and z
		The p-orbitals in the second energy level are known as 2p orbitals (2px, 2py, 2pz)
		The p-orbitals in the third energy level are known as 3p orbitals (3px, 3py, 3pz), etc

· In addition, the third and subsequent energy levels each contain five d-orbitals, the fourth and subsequent energy levels contain seven f-orbitals and so on; each type of orbital has its own characteristic shape

· s, p and d orbitals do not all have the same energy; i any given energy level, s-orbitals have the lowest energy and the energy of the other orbitals increases in the order p < d < f etc; thus each energy level must be divided into a number of different sub-levels, each of which has a slightly different energy



· The number and type of orbitals in each energy level can thus be summarised as follows:
  
	
	Number and type of orbital

	Energy level
	1st sub-level
	2nd sub-level
	3rd sub-level

	1 (K)
	1 x 1s
	
	

	2 (L)
	1 x 2s
	3 x 2p
	

	3 (M)
	1 x 3s
	3 x 3p
	5 x 3d



(iii) Shells and Sub-shells

· Since the different sub-levels have different energies, and the energies of the different levels get closer together with increasing energy level number, the high energy sub-levels of some energy levels soon overlap with the low energy sub-levels of higher energy levels, resulting in a more complex energy level diagram:

		

· Starting with the lowest energy, the orbitals can thus be arranged as follows:
	1s, 2s, 2p, 3s, 3p, 4s, 3d, 4p, 5s, 4d, 5p, 6s, 4f
	
· Many of these sub-levels have similar energy and can be grouped together; a collection of sub-levels of similar energy is called a shell, and the sub-levels which occupy the shell can also be called sub-shells
	Orbital:		1s│2s 2p│3s 3p│4s 3d 4p│5s 4d 5p│6s 4f 5d 6p  
	Shell:		1st│   2nd │   3rd  │    4th      │     5th      │       6th   

	The arrangement of shells and orbitals/sub-levels can be summarised as follows:

	Shell number

	Orbitals/sub-levels in shell

	1
	1 x1s

	2
	1 x 2s, 3 x 2p

	3
	1 x 3s, 3 x 3p

	4
	1 x 4s, 5 x 3d, 3 x 4p





	[image: Image result for test icon]Test your knowledge 4.1: Understanding energy levels, sub-shells, orbitals and shells
(a) What are line spectra and what do they tell you about the structure of atoms?
(b) How many sub-shells are there in the third energy level? What are they?
(c) How many orbitals of each type there in the third energy level?
(d) How many orbitals are there in the third shell?




	
[image: https://image.freepik.com/free-icon/plus-sign_318-54005.jpg]Extension 4.2: Understanding energy levels, sub-shells, orbitals and shells
(e) Completed Test Your Knowledge 4.1? Describe all of the atomic orbitals in:
(i) The fourth energy level
(ii) The fourth shell




Lesson 5 – How are electrons arranged in the different orbitals in an atom?

(iv) Rules for electrons occupying orbitals, sub-levels and shells

· There are three rules which determine how electrons occupy orbitals:

Rule 1: In a single orbital, it is impossible to put more than two electrons
· Electrons repel each other and this restricts the number that can be placed in one orbital
· since electrons are charged particles, and moving charges create a magnetic field, it is possible to create a small magnetic attraction between two electrons if they are spinning in opposite directions in the same orbital; this is the reason two electrons, and not one, are permitted in the same orbital
· if sharing the same orbital, the two electrons must be spinning in opposite directions
· this is known as the Pauli Exclusion Principle - a maximum of two electrons can occupy the same orbital, and they must do so with opposite spins
· it is thus possible to calculate the maximum possible number of electrons in each sub-level (sub-shell), and thus in each energy level or shell:

	Shell
	Number of electrons in each sub-level
	Max. no of electrons

	1
	2 x 1s
	2

	2
	2 x 2s, 6 x 2p 
	8

	3
	2 x 3s, 6 x 3p
	8

	4
	2 x 4s, 10 x 3d, 6 x 4p
	18

	5
	2 x 5s, 10 x 4d, 6 x 5p
	18

	6
	2 x 6s, 14 x 4f, 10 x 5d, 6 x 6p
	32



· Note that although the third energy level (Level M – 3s, 3p and 3d) can accommodate 18 electrons, the 3d sub-level is actually in the fourth shell, so the third shell only contains 8 electrons

Rule 2: Electrons always fill the lowest energy orbitals first
· this is known as the Aufbau principle; the lowest energy states are the most stable; so 1s is filled first, followed by 2s, 2p, 3s, 3p, 4s, 3d and then 4p



Rule 3: Electrons never pair up in the same orbital until all orbitals of the same energy are singly occupied, and that all unpaired electrons must have parallel spin
· this is known as Hund’s Rule of Maximum Multiplicity; pairing electrons in the same orbital increases repulsion so is avoided if empty orbitals with the same energy are available; unpaired electrons in different orbitals always spin the same way as this creates a small magnetic attraction

	[image: Image result for test icon]Test your knowledge 5.1: Filling electrons in orbitals, shells and energy levels
(a) How many electrons can be placed in any one orbital?
(b) Identify all of the orbitals in the second energy level. How many electrons can be accommodated in this level?
(c) How many electrons can be accommodated in the third energy level?
(d) How many electrons can be accommodated in the third shell?




	[image: https://image.freepik.com/free-icon/plus-sign_318-54005.jpg]Extension 5.2: Filling electrons in orbitals, shells and energy levels
(e) Completed Test Your Knowledge 5.1? Now work out how many electrons can occupy the fourth energy level and the fourth shell




(v) Electronic Configuration

· The arrangement of electrons in an atom is known as its electronic configuration; it can be represented in two ways:

· The arrow and box method represents each orbital as a box and each electron as an arrow; the direction of spin is shown by the orientation of the arrow
	The electronic configuration of the first 18 atoms using the arrow in box method is as follows:

	          1s		 2s		    2p		      3s			3p
	H
	↑

	He
	↑↓

	Li
	↑↓
	
	↑

	Be
	↑↓
	
	↑↓

	B
	↑↓
	
	↑↓
	
	↑
	
	

	C
	↑↓
	
	↑↓
	
	↑
	↑
	

	N
	↑↓
	
	↑↓
	
	↑
	↑
	↑

	O
	↑↓
	
	↑↓
	
	↑↓
	↑
	↑

	F
	↑↓
	
	↑↓
	
	↑↓
	↑↓
	↑

	Ne 
	↑↓
	
	↑↓
	
	↑↓
	↑↓
	↑↓

	Na
	↑↓
	
	↑↓
	
	↑↓
	↑↓
	↑↓
	
	↑

	Mg
	↑↓
	
	↑↓
	
	↑↓
	↑↓
	↑↓
	
	↑↓

	Al
	↑↓
	
	↑↓
	
	↑↓
	↑↓
	↑↓
	
	↑↓
	
	↑
	
	

	Si
	↑↓
	
	↑↓
	
	↑↓
	↑↓
	↑↓
	
	↑↓
	
	↑
	↑
	

	P
	↑↓
	
	↑↓
	
	↑↓
	↑↓
	↑↓
	
	↑↓
	
	↑
	↑
	↑

	S
	↑↓
	
	↑↓
	
	↑↓
	↑↓
	↑↓
	
	↑↓
	
	↑↓
	↑
	↑

	Cl
	↑↓
	
	↑↓
	
	↑↓
	↑↓
	↑↓
	
	↑↓
	
	↑↓
	↑↓
	↑

	Ar
	↑↓
	
	↑↓
	
	↑↓
	↑↓
	↑↓
	
	↑↓
	
	↑↓
	↑↓
	↑↓



· The orbital method indicates the number of electrons in each orbital with a superscript written immediately after the orbital; it is not possible to show the spin direction using this method; the electronic configurations of the first eighteen atoms can be shown with the orbital method as follows:

	H:	 	1s1
	He:	 	1s2
	Li:	 	1s22s1
	Be:	 	1s22s2
	B:	 	1s22s22p1
	C:	 	1s22s22p2 or 1s22s22p63s23px13py1
	N:	 	1s22s22p3 or 1s22s22p63s23px13py13pz1
	O:	 	1s22s22p4 or 1s22s22p63s23p23px23py13pz1
	F:	 	1s22s22p5
	Ne:	 	1s22s22p6
	Na:	 	1s22s22p63s1
	Mg:		1s22s22p63s2
	Al: 		1s22s22p63s23p1
	Si: 		1s22s22p63s23p2 or 1s22s22p63s23px13py1
	P: 		1s22s22p63s23p3 or 1s22s22p63s23px13py13pz1
	S: 		1s22s22p63s23p4 or 1s22s22p63s23px23py13pz1
	Cl: 		1s22s22p63s23p5
	Ar: 		1s22s22p63s23p6 

· A shorthand form is often used for both the above methods; full shells are not written in full but represented by the symbol of the element to which they correspond, written in square brackets:
		Eg 1s22s22p6 is represented as [Ne] and 1s22s22p63s23p6 is represented as [Ar]

· The shorthand electronic configuration of the elements with atomic numbers 18 to 36 can be written as follows:
                    		            4s                                         3d                                                               4p
	K
	[Ar]
	↑

	Ca
	[Ar]
	↑↓

	Sc
	[Ar]
	↑↓
	
	↑
	
	
	
	

	Ti
	[Ar]
	↑↓
	
	↑
	↑
	
	
	

	V
	[Ar]
	↑↓
	
	↑
	↑
	↑
	
	

	Cr
	[Ar]
	↑
	
	↑
	↑
	↑
	↑
	↑

	Mn
	[Ar]
	↑↓
	
	↑
	↑
	↑
	↑
	↑

	Fe
	[Ar]
	↑↓
	
	↑↓
	↑
	↑
	↑
	↑

	Co
	[Ar]
	↑↓
	
	↑↓
	↑↓
	↑
	↑
	↑

	Ni
	[Ar]
	↑↓
	
	↑↓
	↑↓
	↑↓
	↑
	↑

	Cu
	[Ar]
	↑
	
	↑↓
	↑↓
	↑↓
	↑↓
	↑↓

	Zn
	[Ar]
	↑↓
	
	↑↓
	↑↓
	↑↓
	↑↓
	↑↓

	Ga
	[Ar]
	↑↓
	
	↑↓
	↑↓
	↑↓
	↑↓
	↑↓
	
	↑
	
	

	Ge
	[Ar]
	↑↓
	
	↑↓
	↑↓
	↑↓
	↑↓
	↑↓
	
	↑
	↑
	

	As
	[Ar]
	↑↓
	
	↑↓
	↑↓
	↑↓
	↑↓
	↑↓
	
	↑
	↑
	↑

	Se
	[Ar]
	↑↓
	
	↑↓
	↑↓
	↑↓
	↑↓
	↑↓
	
	↑↓
	↑
	↑

	Br
	[Ar]
	↑↓
	
	↑↓
	↑↓
	↑↓
	↑↓
	↑↓
	
	↑↓
	↑↓
	↑

	Kr
	[Ar]
	↑↓
	
	↑↓
	↑↓
	↑↓
	↑↓
	↑↓
	
	↑↓
	↑↓
	↑↓





· Note the unusual structures of chromium ([Ar]4s13d5) and copper ([Ar]4s13d10); these anomalies exist because the difference in energy between the 3d and 4s electrons is very small:
· In chromium the energy required to promote and electron from 4s to 3d is recovered in the reduced repulsion which results from the fact that they are no longer paired; thus the 4s13d5 structure in Cr is preferred
· In copper, the 3d orbitals are actually lower in energy than the 4s orbital, so the 4s13d10 structure in Cu is preferred

	[image: Image result for test icon]Test your knowledge 5.3: Understanding electronic configuration of atoms
(a) Using the arrow in box method, draw the full electronic configuration of N, Ne and Na
(b) Using the orbital method, write the full electronic configuration of S, Ti and Br
(c) Using the shorthand arrow in box method, draw the electronic configuration of Fe and Se
(d) Using the shorthand orbital method, draw the electronic configurations of P and Cu




	
[image: https://image.freepik.com/free-icon/plus-sign_318-54005.jpg]Extension 5.4: Understanding electronic configuration of atoms
(e) Completed Test Your Knowledge 5.3? Choose any three atoms in the Periodic Table with atomic numbers not greater than 36, and ask you partner to work out the electronic configuration of each one!




Lesson 6 – What is the Periodic Table?

(vi) Electronic Configuration of Ions

· The electronic configuration of ions can be deduced by simply adding or removing the appropriate number of electrons; the order in which electrons are to be removed can be deduced from the following rules:
· remove outer shell electrons first
· remove p-electrons first, then s-electrons and then d-electrons
· remove paired electrons before unpaired electrons in the same sub-level

	[image: Image result for test icon]Test your knowledge 6.1: Understanding electronic configuration of Ions
Write the full electronic configurations of Na+, O-, Fe2+, Cu2+ and Br-




	[image: https://image.freepik.com/free-icon/plus-sign_318-54005.jpg]Extension 6.2: Understanding electronic configuration of ions
Completed Test Your Knowledge 6.1? Choose any three ions with atomic numbers not greater than 36, and ask you partner to work out the electronic configuration of each one!




(vii) chemical properties of atoms and isotopes

· The chemical properties of an atom depend on the strength of the attraction between the outer electrons and the nucleus; this in turn depends on the number of protons and on the electronic configuration, and so it follows that these two factors are instrumental in determining the chemical properties of an atom

· This is in contrast with the neutron number however, which has no effect on the chemical properties of an atom; neutrons have no charge and hence exert no attractive force on the nucleus
· Isotopes, therefore, tend to have very similar chemical properties since they have the same atomic number and the same electronic configuration; they differ only in number of neutrons, which do not influence the chemical properties of an atom; isotopes therefore have identical chemical properties

(viii) Size of cations and anions

· When you remove an electron from the outer shell of an atom, the repulsion between the remaining electrons in the outer shell decreases, and they move closer to the nucleus; cations are therefore always smaller than the corresponding atoms
· Eg Na+ is smaller than Na

· When you add an electron to the outer shell, the repulsion between the electrons increases, and they are pushed further away from the nucleus; anions are therefore always larger than the corresponding atoms
· Eg Cl- is larger than Cl

(ix) Introduction to the Periodic Table

· The periodic table is a list of all known atoms arranged in order of increasing atomic number, from 1 to 106; in addition to this, the atoms are arranged in such a way that atoms with the same number of shells are placed together, and atoms with the same number of electrons in the outer shell are also placed together; this is achieved by arranging the atoms in rows and columns as follows:
· atoms with one shell are placed in the first row (ie H and He); atoms with two shells are placed in the second row (Li to Ne) and so on; a row of atoms thus arranged is called a period
· atoms are aligned vertically (in columns) with other atoms in different rows, if they have the same number of electrons in their outer shell; for example, elements with one electron in their outer shell are all placed in the same column ( Li, Na, K, Rb, Cs, Fr); a column of atoms thus arranged is called a group

· According to these principles, the periodic table can be constructed as follows:

 I     II                                                                                             III   IV    V   VI   VII    0
	
	
	
	
	H
	
	
	
	
	
	
	
	
	
	
	
	
	
	
	He



	Li
	Be
	
	
	
	
	
	
	
	
	
	
	
	
	B
	C
	N
	O
	F
	Ne

	Na
	Mg
	
	
	
	
	
	
	
	
	
	
	
	
	Al
	Si
	P
	S
	Cl
	Ar

	K
	Ca
	Sc
	
	
	Ti
	V
	Cr
	Mn
	Fe
	Co
	Ni
	Cu
	Zn
	Ga
	Ge
	As
	Se
	Br
	Kr

	Rb
	Sr
	Y
	
	
	Zr
	Nb
	Mo
	Tc
	Ru
	Rh
	Pd
	Ag
	Cd
	In
	Sn
	Sb
	Te
	I
	Xe

	Cs
	Ba
	La
	Ce - Lu 
	Hf
	Ta
	W
	Re
	Os
	Ir
	Pt
	Au
	Hg
	Tl
	Pb
	Bi
	Po
	At
	Rn

	Fr
	Ra
	Ac
	Th – Lw
	
	
	



· The atoms Ce - Lu and Th - Lw belong in the periodic table as shown above. If they are placed there, however, periods 6 and 7 do not fit onto a page of A4, so they are placed below the other elements in most tables

· Hydrogen does not fit comfortably in any group; it is usually placed on its own in the Periodic Table

· From the position of an atom in the Periodic Table, it is possible to deduce how many shells it has and how many electrons it has in its outer shell
· Eg Potassium (K) is in Group 1 and Period 4; it therefore has four shells, with one electron in its outer shell



· Using the periods and groups, the Periodic Table can be divided into four distinct blocks, based on the outer shell electronic configuration of the atoms:
· the s-block atoms are all those with only s-electrons in the outer shell (eg H, Na)
· the p-block atoms are all those with at least one p-electron in the outer shell (eg Ne, P)
· the d-block atoms are all those with at least one d-electron and at least one s-electron but no f or p-electrons in the outer shell (eg Ti, Zn)
· the f-block atoms are all those with at least one f-electron and at least one s-electron but no d or p-electrons in the outer shell (eg Ce, U)

	[image: Image result for test icon]Test your knowledge 6.3: Understanding the structure of the Periodic Table
(a) Use the Periodic Table to predict the number of shells, and the number of electrons in the outer shell, in atoms of:
(i) nitrogen
(ii) iodine
(iii) strontium
(iv) krypton
(v) tin
(b)  Which atom has:
(i) four shells, with six electrons in its outer shell?
(ii) three shells, with five electrons in its outer shell?
(a) In which blocks will you find the following atoms?
(i) Ba
(ii) Fe
(iii) U
(iv) Br




Lesson 7 – How do the properties of atoms change with their position in the Periodic Table?

c) Trends in the Periodic Table

· The properties of atoms in the Periodic Table show clear patterns related to the position of each atom in the Periodic Table:
· atoms in the same group show similar properties
· properties change gradually on crossing a period

· This means that as the atomic number increases, the atoms show trends which repeat themselves in the Periodic Table; this is known as periodicity or the Periodic Law



· The properties of an atom depend on:
· the number of protons in the nucleus of the atom (the nuclear charge); the greater the number of protons, the stronger the attraction to the outer electrons; this causes electrons to move closer to the nucleus and makes them more difficult to remove
· the number of shells in the atom; electrons in inner shells repel each other and the electrons in the outer shell; the electrons in inner shells therefore have the effect of reducing the force of attraction between the nucleus and the electrons in the outer shell; this effect is known as shielding; it causes electrons to move further away from the nucleus and makes them easier to remove
· which subshell the electrons in the outer shell are in; p-electrons have a slightly higher energy than s-electrons and are further from the nucleus; this means that p-electrons can also be shielded by s-electrons in the same shell; this pushes them further away from the nucleus and makes them easier to remove
· whether or not the electrons in outer shell are sharing the same orbital; if electrons in the outer shell have to share the same orbital, there is repulsion between them; this causes them to move further away from the nucleus and makes them easier to remove

(i) Atomic Size

· On moving across a period from left to right:
· the number of protons increases; this causes a stronger attraction between the protons and the electrons in the outer shell, and so the outer shells are pulled closer to the nucleus
· the number of shells, and so the shielding effect, does not change
So the size of atoms decreases across a period from left to right
Eg Na is the largest atom in Period 3 and Ar is the smallest

· On moving down a group:
· the number of protons increases
· but the number of shells also increases; the extra shells increase the shielding and push the outer shell electrons further away from the nucleus; this effect outweighs the effect of more protons
So the size of the atoms increases down a group
Eg Be is the smallest atom in group 2 and Ra is the largest

· The variation in atomic size is shown in the following diagram:
[image: ]
www.socratic.org

· Atoms become larger when they gain electrons, as the repulsion between the extra electrons increases, which pushes the outermost electrons further away from the nucleus; anions are always larger than their corresponding atoms

· Atoms become smaller when they lose electrons, as the repulsion between the remaining electrons decreases, and so the outermost electrons are able to move closer to the nucleus; cations are always smaller than their corresponding atoms

	[image: Image result for test icon]Test your knowledge 7.1: Understanding trends in atomic and ionic size
(a) Why is a magnesium atom smaller than a sodium atom?
(b) Why is a potassium atom larger than a sodium atom?
(c) Why is a chloride ion (Cl-) larger than a chlorine atom?
(d) Why is a sodium ion (Na) smaller than a sodium atom?




(ii) 	First Ionisation Energy

· The first ionisation energy of an element is the energy required to remove one electron from each of a mole of free gaseous atoms of that element; it can also be described as the energy change per mole for the process:	M(g)  M+(g) + e
· The first ionisation energies of the first 20 elements in the periodic table is shown below:
[image: ]

· From the table above, the following trends can be seen:
· the first ionisation energy generally increases across a period (He > H, Ne > Li, Ar > Na etc), although there are some exceptions (eg Be > B, N > O, Mg > Al, P > S)
· the first ionisation energy decreases down a group (He > Ne > Ar, Li > Na > K etc)



· The first ionisation energy increases across a period because:
· the nuclear charge increases
· the number of shells stays the same, so the shielding stays approximately the same
· so the attraction between the nucleus and the outer shell electrons increases, so more energy is required to remove them

· The first ionisation energy decreases from Group 2 to Group 3, in an exception to the general trend, because:
· the electron removed from Be is an s-electron but the electron removed from B is a p-electron
· the p-electron in B experiences extra shielding from the 2s electrons, which reduces the attraction to the nucleus and makes the electron easier to remove; the s-electron in Be does not experience this extra shielding
· this effect outweighs the greater nuclear charge in B
· the decrease from Mg to Al happens for the same reason (extra shielding of 3p electron in Al)

· The first ionisation energy decreases from Group 5 to Group 6, in another exception to the general trend, because:
			  1s		 2s			2p
	N
	↑↓
	
	↑↓
	
	↑
	↑
	↑

	O
	↑↓
	
	↑↓
	
	↑↓
	↑
	↑



· in N the electron is removed from an unpaired orbital, but in O it is removed from a paired orbital
· the electrons in a paired orbital repel each other, which makes them easier o remove
· this effect outweighs the higher nuclear charge in O
· the decrease from P to S happens for the same reason

· The trend in first ionisation energies across a period can thus be summarised as follows:
· there is a general increase across the period as the nuclear charge increases and the shielding remains the same, so the attraction between the nucleus and the outer electrons increases
· there is a drop from the Group II atom (eg Be or Mg) to the Group III atom (eg B or Al) because in the Group 3 atom a p electron is being removed and the extra shielding from the s subshell actually causes a fall in the nuclear attraction
· there is also a drop from the Group V atom (eg N or P) to the Group VI atoms (eg O or S) because the electron in the Group 6 atom is being removed from a paired orbital. The repulsion of the electrons in this orbital makes them less stable and easier to remove

· The first ionisation energy decreases down a group because
· there are more shells, so more shielding of the electrons in the outer shell, which means that the attraction between the nucleus and the electrons in the outer shell is weaker, and less energy is needed to remove them
· this effect outweighs the increase in nuclear charge on descending the group

	[image: Image result for test icon]Test your knowledge 7.2: Understanding trends in first ionisation energy
(a) Why is the first ionisation energy of Mg greater than that of Na?
(b) Why is the first ionisation energy of Mg greater than that of Al?
(c) Why is the first ionisation energy of P greater than that of S?
(d) Why is the first ionisation energy of Li greater than that of Na?





	[image: https://image.freepik.com/free-icon/plus-sign_318-54005.jpg]Extension 7.3: Understanding trends in first ionisation energy
(e) Completed Test Your Knowledge 7.2? Choose any two atoms in the s or p blocks of the Periodic Table which are either in the same Period or in the same Group, and explain which of the two atoms will have the higher first ionisation energy




Lesson 8 – What is meant by electron affinity?

(iii) First Electron Affinity

· The first electron affinity of an element is the energy change when one electron is added to each of a mole of free gaseous atoms of that of that element; it can also be described as the energy change per mole for the process: M(g) + e-  M-(g)

· The first electron affinities of the first 18 atoms in the periodic table is shown below:
[image: ]
www.faculty.chem.queensu.ca

· The factors affecting the trends in first electron affinity across a Period and down a Group (nuclear charge, shielding and repulsion) are the same as those affecting first ionisation energy, so the Periodic and group trends are very similar:
· In general, the first electron affinity increases across a period because the nuclear charge increases but the shielding remains the same, so the incoming electron is more attracted to the nucleus
· From group I to group II, the electron affinity decreases because in group II the electron is added to a p-orbital, so it is shielded by the s-electrons in the outer shell; thus the incoming electron is less strongly attracted to the nucleus
· The first electron affinity decreases from group IV to group V, since the any electron added to the group V atom will have to be paired, so there is more repulsion between the electrons and the incoming electron is not as easy to add
· On descending a group, the nuclear charge increases but the number of shells also increases, so the shielding increases; the increase in shielding outweighs the increase in nuclear charge, and so the attraction between the nucleus and the outermost electrons decreases and there is a decrease in first electron affinity on descending a group
· Note that the anomalies in the periodic trend in first affinity occur between Groups 1 and 2 and between Groups 4 and 5 because electrons are being added; the anomalies in the periodic trend in first ionisation energy occur between Groups 2 and 3 and between Groups 5 and 6 because electrons are being removed; otherwise the trends are the same for both ionisation energy and electron affinity

	[image: Image result for test icon]Test your knowledge 8.1: Understanding trends in first electron affinity
(a) Why is the first electron affinity of Al greater than that of Mg?
(b) Why is the first electron affinity of Na greater than that of Mg?
(c) Why is the first electron affinity of Si greater than that of P?
(d) Why is the first electron affinity of Li greater than that of Na?


	[image: https://image.freepik.com/free-icon/plus-sign_318-54005.jpg]Extension 8.2: Trends in First Electron Affinity
(e) Completed Test Your Knowledge 8.1? Choose any two atoms in the s or p blocks of the Periodic Table which are either in the same Period or in the same Group, and explain which of the two atoms will have the higher first electron affinity




(iv) General Tendency of atoms to gain and lose electrons

· On moving across a period from left to right, the size decreases as the attraction between the protons and the electrons in the outer shell increases; it becomes harder to take away electrons, and easier to add electrons, as you move across the period:
· atoms on the left-hand side of the Periodic Table (especially in Groups 1 and 2) tend to lose electrons easily (and form cations) but do not gain electrons easily
· atoms on the right-hand side of the Periodic Table (especially in Groups 6 and 7) tend to gain electrons easily (and form anions) but do not lose electrons easily

· Atoms in Group 0 do not lose electrons easily because the nuclear attraction to the electrons in the outer shell is very high; but they also cannot gain electrons without creating an extra shell:
· atoms in Group 0 neither lose nor gain electrons easily

· Within the same group, the attraction between the protons and the outer shell electrons is similar because the greater number of protons is balanced by the greater number of shells; 
· atoms in the same group therefore show a similar, but not identical, tendency to gain and lose electrons
 
· As the atomic size increases as you go down the group, there is a slight decrease in attraction between the nucleus and the electrons in the outer shell
· it therefore becomes slightly easier to remove electrons and slightly harder to add electrons as you descend a group

	[image: Image result for test icon]Test your knowledge 8.3: Understanding the chemical properties of atoms
(a) Why does a chlorine atom accept an electron more readily than a sulphur atom?
(b) Why does a fluorine atom accept an electron more readily than a chlorine atom?
(c) Why is it easier to remove an electron from a sodium atom than a lithium atom?
(d) Why can helium, neon and argon neither gain nor lose electrons easily?




Lesson 9 – How has our understanding of the atom changed over time?

d) 	The Development of the Atomic Model

(i) How scientific theories and models are developed

· A theory is a set of laws which explains and predicts certain properties of the universe; scientific theories need to be supported by evidence, and the theories are then tested by other scientists; if a theory is accepted, it becomes “science” until subsequent observations are made which disprove the theory, and a new theory is developed to replace it; this cycle is known as the scientific method

· The scientific method involves five main stages:
· Identification of a problem (ie inconsistencies or errors in an established law or theory, due to an observation which contradicts an existing model)
· Developing an alternative explanation (an unproven law or theory is called a hypothesis)
· Conducting experiments to test the new model
· Analysing results and drawing conclusions
· Communicating results and encouraging other scientists to test the new hypothesis

· The way in which our understanding of atoms has changed over time is a good example of scientific method in action

	[image: https://image.freepik.com/free-icon/think-symbol-of-a-head-from-side-view-with-brain-shape-inside_318-61572.jpg]Thinkabout 9.1: How scientific theories change over time
Can you think of any other scientific theories that have changed over time? How and why did they change?




(ii) How our understanding of atomic structure has changed over time

· Since ancient times, scientists have been trying to explain what the universe is made of; the idea of small particles called atoms was first developed in ancient Greece; in the last 200 years, more detailed models of what an atom consists of have been developed, and then disproved:


	When
	Who
	Why/How
	Features of theory/model

	5th century BC
	Democritus and Leucippus
	No evidence
	The “atomos” is an indivisible building block of matter

	1805
	Dalton
	Observed the Law of Multiple Proportions
	Dalton’s atomic theory:
· atoms are indivisible (from Democritus and Leucippus)
· all atoms of the same element have the same mass, which is different from the mass of atoms of other elements

	1897
	Thomson
	Discovered that metals, when heated in sealed tubes, emit negatively charged particles which are much smaller than the smallest atom
	Thomson’s atomic model:
· atoms are divisible
· atoms contain electrons distributed inside a uniform sea of positive charge
(also known as the “plum pudding” model)

	1909
	Rutherford
	Fired alpha particles at gold foil and discovered that most passed straight through but that a small number were hugely deflected
	Rutherford’s atomic model:
· small positive nucleus concentrated at centre of atom
· cloud of negatively electrons around nucleus



· Dalton, Thomson and Rutherford all used observations from experiments to make major contributions towards our understanding of atomic structure; later observations were made (most notably by Bohr and Schrodinger) which contradicted Rutherford’s model, and the accepted model of the atom was amended again as a result

	[image: Image result for test icon]Test your knowledge 9.2: Describing how our understanding of the atom has changed over time
a) Draw labelled diagrams of Dalton’s Thomson’s and Rutherford’s atoms
b) Underneath each diagram, summarise the key features of each atom
c) Underneath the Dalton and Thomson summaries, write down who disproved each model and how they did it
d) Then draw a timeline to show the changes in our understanding of atomic structure




	[image: https://image.freepik.com/free-icon/plus-sign_318-54005.jpg]Extension 9.3: Exploring further developments in understanding atomic structure
How did Niels Bohr and Edwin Schrodinger contribute to our understanding of atomic structure?




(iii) The History of the Periodic Table

· The first scientist to publish a Periodic Table was Dimitri Mendeleev, in 1869

· Previous scientists had discovered and named different atoms, and some scientists had already observed that the properties of the atoms tend to repeat themselves as atomic mass increases (the Periodic Law)



· But Mendeleev was the first to attempt to classify every atom within a specific row or column in a table:

[image: ]

· Mendeleev arranged all of the known atoms in order of increasing atomic mass and placed all atoms with similar properties in the same column

· Mendeleev used his Periodic Table to predict the discovery of at least six new atoms, and to predict the properties of a number of new atoms before they were discovered; by creating the first Periodic Table, Mendeleev became the first scientist to develop a system of classification for atoms

	[image: https://image.freepik.com/free-icon/think-symbol-of-a-head-from-side-view-with-brain-shape-inside_318-61572.jpg]Thinkabout 9.4: Mendeleev’s Periodic Table 
Mendeleev produced his Periodic Table before electrons and shells were discovered; can you see any mistakes he made as a result?






Lesson 10 – What have you understood about Atoms and the Periodic Table?

	
10.1 END-OF-TOPIC QUIZ
TOPIC 1 – ATOMS AND THE PERIODIC TABLE
[image: Image result for test icon]
1. (a) What are isotopes?
(b) Calculate the relative atomic mass of boron, given that it consists of 80% boron-11 and 20% boron-10
(c) Why do both isotopes of boron have identical chemical properties?

2. Deduce the number of protons, neutrons and electrons in 37Cl-

3. Deduce the symbol for a species containing 11 protons, 12 neutrons and 10 electrons

4. What do emission spectra tell us about the structure of atoms?

5. Which types of orbital are found in the third energy level, and how many of each type?

6. Give the electronic configuration of Ni

7. Give the electronic configuration of Br-

8. Define the term “first ionisation energy”

9. Explain why the first ionisation energy generally increases across a Period

10. Explain why the first ionisation energy decreases from Mg to Al

11. Explain why the first ionisation energy decreases from N to O

12. Explain why the first ionisation energy decreases down a group

13. Define the term “first electron affinity”

14. Explain why the first electron affinity decreases from Si to P

15. Explain Thomson’s contribution to our understanding of atomic structure
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